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How to use this book 

About units 

Advanced Chemistry is divided into two books, which are 
each subdivided into two parts. Book | covers physical 
and industrial chemistry; book 2 covers inorganic and 
organic chemistry. In turn, these four parts are split into 
130 fairly short units, rather than into a smaller number 
of long chapters. Each unit is designed to cover a com- 
pact area of chemistry, which you should be able to 
study over a period of an hour or so. Take some comfort 
from the fact that you are unlikely to have to know the 
content of every unit. All A level and AS level syllabuses 
cover a basic core, and then they emphasise different 
aspects of chemistry. If you pay attention to the syllabus 
that you are using, you should be able to avoid 
unnecessary work. Some units contain features that 
may not be compulsory on any of the syllabuses; 
mainly this is because I find those parts of chemistry 
especially interesting. In particular, you will find 
extracts from the history of chemistry, which I hope 
you will find intriguing. 

I have written the units with the aim of helping you 
understand the work, rather than presenting you with a 
large number of isolated facts. Of course, like any sub- 
ject, chemistry contains a great deal of information that 
you will have to learn; but you will find learning much 
easier if you can understand how the information fits 

together. 
Each unit is split into sections, and near the end of 

almost every section is a set of study questions. No 
doubt you will be tempted to pass these by; but avoid 
temptation! The questions will allow you to test your 
understanding of the work as you go along. They are 
designed to make you think, and to discover if you have 
understood what you have read. It would be best to 
regard them as puzzles, rather than as ‘trick’ questions 
designed to catch you out. Answers to all of these ques- 

* tions are given near the end of each unit so you can 
check your progress. (There really is little point in 
cheating by looking up the answers until you have tried ~ 

to work out the answers.) 

As well as the shorter end-of-section questions there 
are questions from past AS, A and S level examinations. 
These are arranged at the ends of the four parts. Only 
answers to numerical parts are provided. For help you 
will have to consult another book, or seek the advice of 
your teacher or lecturer. 

’ Another feature is that each unit ends with a sum- 
mary. This will provide you with a guide to what the 
unit covers, and it should serve as a useful aid to 
revision. However, do not expect to find explanations in 
the summaries. 

How to find information 

One of the key things that determines how well you 
learn chemistry is your motivation: do you really want 
to find things out and understand the work you are 
doing? If you are not in the right frame of mind, it 
would be better to leave study to another occasion. 
However, when you decide to study, study hard and for 

short periods. 
A second point to bear in mind is that you will only 

make best use of your time if you know what you are 
trying to achieve in your study sessions. For example, if 
you decide that you need to ‘learn about molecules’ you 
are likely to waste a lot of time. This objective is too 
vague. It would be far better to aim at a clearer target. 
For example, you might wish to learn about ‘covalent 
bonding in molecules’ or ‘the reactions of alcohol mol- 
ecules’. One of the best places to find the right targets is 
the syllabus for your chemistry course. This will give 
you a detailed list of the things that you need to know 

about. 
Once you have identified your target you should 

move to the index at the back of the book, or the table 
of contents near the front. The table of contents will, for 
instance, lead you to units on covalent bonding and the 
reactions of alcohols. If, as will often be the case, you 
need to look up specific pieces of information, the place 
to look is the chemicals and reactions index. 

How to use this book xi 
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Elements, atoms and electrons: basic ideas 

1.1 Dalton’s atomic theory 

Assuming that you have studied chemistry before, you 
will have met the idea that matter is made up of com- 
binations of about 110 elements. You will also have 
learnt that each element has its own type of atom. 

Perhaps the first passable definition of an element was 
given by Robert Boyle (1627-1691). In his book ‘The 
Sceptical Chemist’, published in 1661, he proposed that 
elements are 

... certain Primitive and Simple, or perfectly unmingled 
bodies; which not being made of any other bodies, or of 

one another, are the ingredients of which all those per- 
fectly mixt Bodies are immediately compounded, and 
into which they are ultimately resolved. 

Boyle’s ‘mixt Bodies’ are what we call compounds. It 
is tempting to think that Boyle had struck upon the very 
essence of our modern idea of an element; but there was 
one most important difference. He thought that the ele- 
ments themselves were made from a single basic sub- 
stance. We now know that this is wrong, although all 

atoms have some things in common; for example, they 

have electrons, which travel round the nucleus. 
The idea that all matter is made up of tiny particles 

called atoms has been in existence at least since the time 

of the Greek philosopher Democritus (460-370 BC). 

However, little was done to use ideas about atoms to 

explain the behaviour of chemicals until John Dalton 

(1766-1844) developed his atomic theory. In 1803 Dalton 

proposed that 

Each element has its own unique type of atom; that all 
atoms of an element are identical. 
‘The atoms of each individual element have the same 

size, and the same weight (the atomic weight). 
When elements combine together, the atoms of one 

element are not changed into those of another element. 

~ When elements combine together, their atoms join 

together in fixed proportions. 

One other outcome of Dalton’s work was that he 

invented a way of representing chemicals on paper. He 

produced a set of symbols for the atoms of the elements, 

and drew diagrams to show how the atoms might be 

arranged in compounds. You can see in Figure 1.1 that 
his symbols and formulae were not like those we use. 

It is probable that you have met Dalton’s atomic 
theory before. Often it seems quite obvious that it is 
correct; but that is only with the benefit of hindsight. At 
the time, his theory caused quite a commotion in the 
scientific world. Not everyone was convinced that the 
atomic weights of the elements were important. For 
example, Humphry Davy (who among other things 
invented the safety lamp for miners) said that Dalton 
was too much involved in ‘vain speculation’ when he 
drew pictures like those in Figure 1.1. 
Much of the success of Dalton’s theory in overcoming 

such criticisms lay in the way it encouraged the trend in 
chemistry to become quantitative. That is, many more 
chemists began measuring accurately, particularly by 
weighing. It also allowed people to gain a picture of how 
the elements in compounds might be arranged. He 
developed the notion that each compound had its own 
particular, fixed, formula. It may appear strange to us 
now but in Dalton’s time there was considerable contro- 
versy about this — it was not at all obvious that, say, salt 
was always made up of the same proportions of sodium 
and chlorine. Likewise, it was thought by many that the 
weight of an element could easily be changed during the 
course of a reaction. 

The Swedish chemist Jons Berzelius (1779-1848) was 
one of the first to determine the atomic weights of ele- 
ments. A number of his values are surprisingly close to 
the modem ones. Berzelius also invented the system of 
giving elements a symbol by using one or two letters of 
the alphabet. 

1.1. William Prout (1785-1850) believed that every 
element was made from one basic material. He 
thought this material to be hydrogen. As a conse- 
quence, he also held that the atomic weights of the 
elements were multiples of that of hydrogen. In his 
book ‘A Short History of Chemistry’ J. R. Partington 
points out that a contemporary of Prout, Thomas 
Thomson was impressed by Prout’s ideas. Thomson 
rounded down an experimental result for an atomic 
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Figure 1.1 Examples of Dalton’s ‘elements’ as he published them in A New System of Chemical Philosophy, Manchester, 1808: 
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Hydrog. its rel. weight 1 11. Strontites, 
Azote, ie 12. Barytes, 
Carbone, or charcoal 5 13. Iron, 
Oxygen, 7 1Ay Zinc; 
Phosphorus, 9 15. Copper, 
Sulphur, 13 16. Lead, 
Magnesia, 20 17. Silver, 
Lime, 23 18. Platina, 

Soda, 28 19. Gold, 
Potash, 42 20. Mercury, 

An atom of water or steam, composed of 1 of oxygen 
and 1 of hydrogen, retained in physical contact by a 
strong affinity, and supposed to be surrounded by a 
common atmosphere of heat; its relative weight = 
An atom of ammonia, composed of 1 of azote and 1 
of hydrogen 

Physical Chemistry 

Fig. 

23. 

24. 

7ASY. 

An atom of nitrous gas, composed of 1 of azote and 
1 of oxygen 
An atom of olefiant gas, composed of 1 of carbone 
and 1 of hydrogen 
An atom of carbonic oxide composed of carbone and 
1 of oxygen 
An atom of nitrous oxide, 2 azote + 1 oxygen 
An atom of nitric acid, 1 azote + 2 oxygen 
An atom of carbonic acid, 1 carbone +2 oxygen 
An atom of carburetted hydrogen, 1 carbone + 
2 hydrogen 
An atom of oxynitric acid, 1 azote +3 oxygen 
An atom of sulphuric acid, 1 sulphur +3 oxygen 
An atom of sulphuretted hydrogen, 1 sulphur + 
3 hydrogen 
An atom of alcohol, 3 carbone + hydrogen 



weight of an element from 3.2522 to 3.25 because: ‘I 
leave out the last two decimal places because they 
would destroy the law pointed out by Dr. Prout.’ 

What do you think of Thomson’s approach to 
chemistry? 

1.2 Look at some of Dalton’s work in Figure 1.1. 

(i) In modern notation, what was his formula for 
water? Is this formula consistent with the atomic 
weights of hydrogen and oxygen that he used? 

(ii) Try to work out (or guess) the modern names of 
azote, olefiant gas, carbonic oxide and carburetted 
hydrogen. 

1.3. Why do you think that Dalton’s notation (and 
others like it) was replaced by the notation we now 
use based upon Berzelius’ alphabet symbols for the 
elements? 

1.4 Why was it that gold and silver were discovered 

and used long before sodium and potassium? 

1.2 Evidence for atoms 

The main reason why people believe that, by and large, 
Dalton’s theory is correct is that it has been used to 
explain successfully a vast number of observations and 
results of experiments. Indeed, it is (almost) impossible 
to think of doing chemistry now without talking about 
atoms and the ways they join to make compounds. Poss- 
ibly the nearest we can get to direct evidence that atoms 
exist lies in using a field ionisation microscope. In this type 

of experiment, the surface of a metal sample in a vacuum 
is bombarded with helium atoms. At the same time the 
surface is subjected to a huge electric field. The helium 
atoms are converted into positive ions when they hit the 
sample and are attracted to a fluorescent screen by the 
electric field. The type of image that can be obtained is 
shown in the photo. 

The picture is just about as near as we can get to 
‘seeing’ atoms. But be careful; we are not seeing atoms. 
Rather, the image is one of spots of light on a screen, 
which has been hit by tiny charged particles of helium 
(Figure 1.2). We explain the picture by saying that the 
dots of light show where the helium ions came from, and 
that they do in fact come from atoms on the surface of 

the metal sample. 
Another way of persuading someone who is reluctant 

to believe in the existence of atoms is to show him or her 
an X-ray diffraction pattern. Such a pattern is obtained by 
passing X-rays through a crystal and then analysing the 
pattern produced on photographic film placed on the 
other side of the crystal. In the case of the pattern of 
Figure 1.3, the sample was a compound that contained 
benzene rings. Benzene rings consist of six carbon atoms 
joined in the shape of a hexagon, together with a hydro- 
gen atom bonded to each carbon atom. The pattern 
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This is a field ionisation image of the surface of a nickel- 
molybdenum alloy, Ni,Mo. Taken from Figure 9.5 of K. M. 
Bowkett & D. A. Smith, Field-lon Microscopy, North-Holland 
Publishing Co., Amsterdam, 1970. 

Helium atoms 

(> 

Screen 

Helium 

eas ca@) Patches of 
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On this side is what we think On this side 
iS going on is what we 

observe 

Figure 1.2 Explanation of the image in a field ionisation 
microscope experiment 

shows where the electrons in a compound are most 
likely to be found. This particular pattern provides 
evidence for the hexagonal structure of benzene. 

In the past, chemists have held completely different 
views on the nature of matter than those which we tend 
to take for granted now. We like to think that we are on 
the right track, but the history of science shows that it 
would be unwise to believe we are ever 100% correct. 
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Figure 1.3. Part of the X-ray diffraction pattern of 
CgH;CH2CH2C,H,; showing a benzene ring. (Diagram taken 
from: Jeffrey, G. A. (1946). Proc. R. Soc. 188, 222) 

1.5 The X-ray pattern of the benzene ring does not 
show the hydrogen atoms. Why might this be? 

1.3. Cathode rays 

Towards the end of the last century there was a lot of 
interest in investigating cathode rays. These rays were 
produced in an apparatus like that shown in Figure 1.4. 
It consists of a glass tube containing a gas at very low 
pressure. The cathode (negatively charged) is placed a 
little in front of a short metal cylinder, which forms the 
anode (positively charged). At the far end of the tube is a 
fluorescent screen. In the middle of the tube is a pair of 
parallel metal plates. A source of very high voltage is 
connected to the anode and cathode. When this hap- 
pens, the fluorescent screen begins to glow. At the time, 
it was assumed that the cathode gave off rays (the 
cathode rays) that went on to strike the screen. By mak- 

ing the deflecting plates slightly charged, the spot on the 
screen can be made to move. If the top plate is made 
positive, then the spot moves upwards. Because they are 
attracted to the positive plate, the cathode rays must be 
negatively charged. 

Gas at low pressure 
Anode (+) 

Deflecting 
plates 

Cathode 
(=) 

Figure 1.4 Cathode ray tube 

6 Physical Chemistry 

It was Sir J. J. Thomson who, in 1897, is credited with 
identifying cathode rays as the things we call electrons. 
Thomson used a rather more complicated cathode ray 
apparatus to help him calculate a value for the ratio of 
the charge to mass, e/m,, of an electron. The name 
‘electron’ was, however, first used by the Irish physicist 
Johnston Stoney some years before Thomson. Stoney 
had also estimated the charge on the electron before 
Thomson. The modern value for e/m, is nearly 
1.759 X 10!!C kg7!. 

1.6 Use the modern value of e/m, for an electron 
together with the value of e to calculate the mass of 
an electron (e= 1.602 x107'9C). 

1.7 Values of e/m for other charged particles had 
been calculated by chemists who were working on 
the way in which electricity was conducted through 
solutions. Michael Faraday had discovered his laws 
of electrolysis around 1833, and there was a great 
deal of interest in trying to work out the connections 
between electricity (or electric charges) and the 
properties of chemicals. It was possible to calculate 
the charge to mass ratios for the ions discharged 
during electroiysis. One of the odd things about 
Thomson’s result for e/m, was that it was about 2000 
times larger than the largest value found from electro- 
lysis. Which ion might have had the highest charge to 
mass ratio in electrolysis? (Hint: you are iooking for 
an ion that has either a very high charge or a very 
small mass.) 

1.4 Millikan’s experiment 

The magnitude of the charge on an electron was found 
by a variety of methods. The one used by R. A. Millikan 
around 1913 is now known as Millikan’s oil drop 
experiment (Figure 1.5). The idea was to allow tiny 
droplets of oil to fall through the air between two metal 
plates. X-rays passed into the apparatus caused mol- 
ecules in the air to ionise. (That is, they would lose one 

Spot of light 
when top plate is 
positive 

Spot of light 
when plates are 
not charged 

Fluorescent 
screen 
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Figure 1.5 Outline of Millikan’s oil drop experiment 

of their electrons and become positively charged.) From 
time to time the ions would stick to the oil drops. The 
metal plates were given an electric charge, and, as the 
electric field between the plates was increased, it was 
possible to make some of the drops travel upwards at the 
same speed as they were previously falling. By measur- 
ing the speed, and knowing things like the strength of 
the field and the density of the oil, Millikan was able to 
calculate the magnitude of the charge on the oil drops. 
He found that the smallest charge to be found on them 
Was approximately 1.59 x 107!°C. This was recognised 
as the charge on an electron. The modern value is 
1.602 xX 107'°C. 

Here we have ignored the negative sign of the 
electron’s charge. We shall use the symbol e to stand for 
1.602 xX 10°!°C. We shall write the actual charge on an 
electron, taking its negative sign into account, as —e. 

1.8 An electric current of 1A through a wire means 
that 1 C of charge is passing through a cross-section 
of the wire in 1s. How many electrons are involved in 
producing a current of 1 A? 

1.5 Electric charge is quantised 

Millikan found a second result: the charges on the drops 
were always a whole number of times larger than the 

electronic charge, never less. This showed that there was 
a limit to how small an electric charge could get. The 
charge on an electron was the basic stuff of electricity. A 
large electric charge had to be built from a combination 
of, perhaps, thousands of millions of these basic charges. 
It is impossible to get, say, 0.8 X 107'!°C or 0.4 X 1071°C. 
Fractions of the basic electronic charge do not exist. 
There is a way of summarising this property of electric 
charge; we say that electric charge is quantised (Figure 
1.6). 

To say that something is quantised means that it 

o 5 | ——~<——~— These, for example, are 
Ec ee possible charges 
-O 4 — 

Ss aoe 
S23 3 ; 
iS . ® ——— <& This charge, about 2.5 
Bes 82\oura times the charge on 

an electron, is impossible 
1 =< 

0 —_ 

Figure 1.6 Electric charge has to be a whole number of times 
the charge on an electron. That is, electric charge is 
quantised 

comes in particular, well-defined quantities that do not 
change smoothly from one value to another. Rather, the 
change is sudden, or abrupt. We shall see that quantisa- 
tion does not happen only with electric charge; energy is 
quantised as well. 

1.9 Say which of the following things could be des- 
cribed as being quantised: goals scored in a hockey 
match; the height of waves on the sea; the lengths of 
hairs on your head; the number of peas in a pod. 

1.10 Someone claimed to have invented a machine 
that can show the presence of very small numbers of 
electrons. The machine consists of a detector and a 
pointer that moves over a scale. The person who 
invented the machine labelled the scale as shown in 
Figure 1.7. Did the person really know what he or she 
was doing? 

Detector 

Figure 1.7 An imaginary detector of electrons 
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Answers 

1.1. Thomson was not the first, nor the last, to per- 

suade himself that, because a theory was so simple and 

appealing, it had to be right. It is not often a sensible way 
to do science. 

1.2 (i) Dalton’s formula for water would have been 
HO. The atomic weight of oxygen was taken as 7. If it 
had been taken as 16 the formula would have worked 
out to be nearly the modern one, H,O. 

(ii) Azote = nitrogen, N,; olefiant gas=ethene, C.H,; 
carbonic oxide=carbon monoxide, CO; carburetted 
hydrogen = methane, CH,. You can see how these arise 
by noticing that (like oxygen) the atomic weight of car- 
bon is about half what it should be; e.g. carburetted 

hydrogen should have twice as many hydrogen atoms 
as Dalton gives it, thus giving CH,. 

1.3. The systems built on pictures were too clumsy for 
easy use. (Try writing equations with them!) 

1.4 Gold and silver are much less reactive than sodium 
or potassium. They can be dug out of the ground in the 
pure state. Sodium and potassium are always found 
combined with other elements and are very hard to 
obtain pure. 

1.5 X-rays are sensitive to the negative charge of 
electrons. However, they are not able to detect small 

amounts of negative charge. Hydrogen atoms have 
fewer electrons than do carbon atoms; indeed, they 

have too few to affect the X-rays. 

1.6 e/m,=1.759x10"C kg', e=1.602x 10 °C; 

hence m, = 9.109 x 1073! kg. 

1.7. The ion is the hydrogen ion, H*. This is a bare 
proton having the same size charge as an electron, but 
opposite in sign. You may have come across the fact 
that a proton is about 2000 times heavier than an 
electron. : 

1.8 The number of electrons will be 1C/ 
(1.602 x 10-19C), i.e. 6.42 x 1018. The result shows that, 

even in a tiny current such as a microamp (10°°A), huge 
numbers of electrons are involved. 

1.9 Hockey goals and peas in a pod are quantised. 
You can only get them in whole numbers. The other two 
can have a continuous range of values. 

1.10 Unfortunately the person appears to know 
nothing about quantisation of charge. It would be 
impossible to measure, say, 1.5 times the charge on an 
electron. If the machine was working properly it should 
only show whole number (integer) results, e.g. 0, 1, 
Cate 

UNIT 1 SUMMARY 

® Dalton’s atomic theory says that: 
(i) All atoms of an element are identical. 
(ii) The atoms of each individual element have the 

same size and the same weight. 
@® When elements combine together: 

(i) The atoms of one element are not changed into 
those of another element. 

(ii) Their atoms join together in fixed proportions. 
@ Electrons: 

8 

(i) Are found in all atoms. 

Physical Chemistry 

(ii) Carry the smallest unit of negative charge, 
— 1.602 < 10m 27 G: 

® Quantisation: 

To say that something is quantised means that it 
comes in particular, well defined quantities that do 
not change smoothly from one value to another. 
Rather, the change is sudden, or abrupt. 

e Electric charge is quantised. 



Energy levels 

2.1 Energy changes 

If a ball on the end of a string is given enough energy it is 
possible to make it move in a circle. It has gained kinetic 
energy. If the ball is given more energy it will move 
faster; given even more energy it will move faster still. In 
theory (if not in practice) we could continue giving the 
ball energy, or allowing it to lose energy, by any amount 
we wish. We would see the ball move round with a 
corresponding increase or decrease in speed. We can 
show on a diagram how the energy of the ball changes 
continuously from one value to another (Figure 2.1). 
Energy diagrams like this occur in a very large number of 
cases, e.g. cars, aircraft, or trains moving. At one time it 
was thought that only this sort of diagram could occur. 
The idea that it might be possible for something to 

Energy 

Figure 2.1 An energy diagram for continuous energy 

changes 

change its energy by sudden jumps from one value to 
another was considered impossible; but this is exactly 
what does seem to happen with electrons in atoms and 
molecules. 

2.2 Energy levels 

There is much evidence to show that electrons in atoms 
cannot gain or lose just any amount of energy. One 

experiment that illustrates this is done by bombarding 
molecules with X-rays. Some of the X-rays give energy 
to the electrons. Indeed, if the X-rays have sufficient 
energy, it is possible to knock the electrons right out of 
the molecule. If we were to measure the energies of the 
X-rays that cause electrons to be lost, we could show the 
results on an energy diagram. In Figure 2.2 this has been 
done for X-rays colliding with molecules of propanone. 

Energy/10'” J 

8.62 

4.70 

4.66 

Figure 2.2 Energy level diagram showing the energies of X- 

rays needed to remove electrons from propanone 
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Ground level 

1000 m 

Level 2 

Mine shaft 

gl Coal truck of mass m kg at level 2 has a 
potential energy of +250mg compared to 
the bottom of the shaft; or —750mg 
compared to ground level 

Energy 

0 

750 m 

—500 

—750 

—1000 | + 

Energy level diagram 
for the truck in the 
mine 

Figure 2.3 The potential energy of a coal truck down a mine is given by multiplying its mass m, the acceleration due to gravity g, 
and the distance d from some zero level. Then, potential energy is mgd (or dmg). Compared to ground level, the potential energy 
values are negative. (The energy level scale has units mg joules) 

The diagram shows us that X-rays must have particu- 
lar energies before electrons are removed. For example, 
X-rays with energy 4.68 X 107'7J or 6X 10° '’J have no 
effect; however, if they have energy 4.66 x 107'7J, 
4.70 10°) 3,00. 8.62 X10-\7J ‘then selectrons:. are 
knocked out of propanone. 

If we are to understand this, let us first think about a 
more straightforward case. Imagine a mine shaft sunk 
deep into the ground (Figure 2.3). At various depths 
there are roadways running off to the coal faces. A coal 
truck standing at level 2 will have some potential energy. 
We have a choice; we can calculate its potential energy 
either compared to the bottom of the shaft, or compared 
to ground level. If we choose the bottom, the truck’s 
potential energy at level 2 will be +250mg. The problem 
with doing this is that when the coal truck reaches 
ground level its potential energy will be + 1000mg. This 
does not really make much sense because we normally 
like to think of ground level as being the place where 
everything has zero potential energy. If ground level is 
our zero of potential energy, then at each level down the 
shaft the coal truck must have less potential energy than 
zero. That is, the potential energy will be negative. At 
level 1 it will be —500mg compared to ground level. 
Similarly, at level 2 the potential energy will be —750mg 
compared to ground level. This gives us the energy 
diagram in Figure 2.3. It consists of a series of levels 
corresponding to the different levels in the mine. 
Now let us decide how much energy would be needed 

to lift the coal truck out of the shaft. (We shall ignore all 
the problems about friction, the weight of cables and so 
on.) At level 1 we would have to give it +500mg units of 
energy; at level 2 it would be +750mg. Notice that the 
energy that we give has a positive sign. This is important 
because if the truck starts with —500mg units and then 
comes to ground level, where its potential energy is zero, 
we have to add 500mg to bring the total to zero. 
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If you have understood this, you should be able to 
understand why the experiment with X-rays and pro- 
panone shows that there are levels in propanone that 
have the energies shown in Figure 2.4. Our zero of 
potential energy has been taken as the world outside the 
molecule. That is, far enough away from the molecule 
that the electrons knocked out cannot feel any further 
attraction pulling them back into the molecule. With the 
world outside the molecule as our zero of energy, we 
have to put energy in to remove electrons; then (like the 
case of the truck down the coal mine) when electrons are 
in an atom or molecule we say that they have negative 
energies. 

The three energy levels shown in Figure 2.4 are some 

Energy/10 ‘7 J 

—4.66 

—4.77 

—8.62 

Figure 2.4 Energy level diagram for some of the electrons in 

propanone 



of the energy levels for the electrons in propanone. The Energy 
diagram itself is called an energy level diagram. You will | | 
discover in later units that energy level diagrams can be | | 
extremely useful in explaining the properties of 6ht | | 
electrons, atoms and molecules. 

5hf 

2.1 It has been discovered that the electron in a Ahf 
hydrogen atom can have one of a rather large num- 
ber of possible energies. The values of the energy 
levels, E,, depend on an integer, n, in the following 3hf 
way: 

2hft 

where k is a constant of value nearly 2.18 x 107 '8J. thf 

(i) Explain why the energy levels have negative 

BINS. Figure 2.5 An energy level diagram for an electron obeying 
Planck’s equation (ii) Draw an energy level diagram for n=1, 2, 3, 4 

and 5. 

between the first two levels. version of Planck’s equation. 

(iv) Calculate the difference in energy between levels 
with n= 100 and n= 101, i.e. E49, — Exo. 

(v) What happens to the gaps between the energy 
levels as n increases? 

(vi) Sketch (i.e. do not try to be too accurate) the 
whole energy level diagram for the hydrogen atom 
with n starting at 1 and increasing to infinity. Don't 
worry about showing all the energy levels; it is the 
pattern that is important. 

2.2 The answers to these two short calculations 
should give you a ‘feel’ for the difference in scale 
between the behaviour of large-scale pieces of mat- 
ter, and the world of electrons in atoms. 

(i) A rough estimate of the frequency with which 
electrons oscillate in atoms is 10'° Hz. If an electron 
has an energy of 2x 10~'’J, what value does this 
give for n in Planck’s equation? Remember that n 
must be an integer, and that you will only obtain an 
estimate, not a precise value. 

2.3 Max Planck and energy levels (ii) Now imagine a 1kg mass moving at 6m s~' ina 
circular path with a frequency of 1Hz. What is its 

We have seen that the electrons in propanone have a kinetic energy? What value for n would be needed if 

particular set of values. The idea that the energy of Planck’s equation were used for this mass? 

electrons might be restricted in this way was first devel- 
oped by the German physicist Max Planck in 1900. He 
claimed that if electrons in an atom were thought to be 
oscillating with a frequency f, then they would have an 

(iii) Suppose that in the case of the 1kg mass the 
value of n were to increase by 1. What would be the 
new value of the energy of the mass? What would be 
the chances of observing the difference between the 

energy given by new and old values? 

E=hf _/Planck’s equation 

the letter A stands for a number, 6.626 10~**J s, 2.4 Light energy 
known as the Planck constant. At a frequency f an 

electron could not have an energy less than hf. Also, the It has long been known that light represents one very 

minimum amount of energy that could be lost or gained important type of energy. The energy of light changes 

by the electrons would be equal to if. An electron obey- when the wavelength, A, or frequency, f, changes. These 

ing Planck’s equation would have an energy level two quantities are related through the equation 

diagram like the one in Figure 2.5. Here there is a set of iy 

energy levels all equally spaced by /f. In general, the CHfh 

energy of each level is given by 
where c is the speed of light (about 3 x 10°m s7'). 

E,=nhf The higher the frequency, the higher the energy. 

Energy levels 1s 



Visible light is only one variety of electromagnetic 
energy. Lower in energy are infrared light, radio waves 
and microwaves; higher in energy are ultraviolet light, 
X-rays and gamma-rays. For the time being we shall use 
the word ‘light’ as short-hand for all types of electro- 
magnetic radiation. 

In 1905 Einstein proposed that light consisted of a 
number of bundles or packets of energy, which were 
later called photons. The smallest amount of light is one 
photon. According to Einstein, the energy of a photon is 
related to its frequency by the equation E=/f. It was 
Einstein who first called the amount of energy Af a 
quantum of energy. You can see that Einstein’s equation 
has exactly the same appearance as Planck’s. The main 
difference is that Planck’s equation was used for the 
energy of electrons, while Einstein’s equation was 
applied to light. In both cases the key idea is that energy 
is quantised. (Just like electric charge is quantised.) 
Energy cannot change by any amount smoothly from 
one value to another. It must change by whole numbers 
of times the basic unit of energv, /f. It so happens that in 
the large-scale world of people, cars, golf balls, and the 
like, changes in energy appear to be smooth because the 
amount of energy tied up in a unit of energy such as /fis 

Answers 

2.1. (i) Because the zero of potential energy is the 
world beyond the atom, electrons inside atoms are lower 
in potential energy, so they have negative values. We 
have to put energy in to get the electrons out. 

(ii) See Figure 2.6. 

(iii) E, —E,=3k/4= 1.635 x 107 "8 J. 

Energy/k Energy/k 

The energy levels get 
closer and closer 
together as n increases. 
Eventually they merge to 
give a continuous band. 
When this happens the 
electron is lost from the 
atom. Its energy is no 
longer quantised 

Figure 2.6 Answer to question 2. 1(ii) 

amazingly small — too small for us to observe. (Your 
answer to question 2.2 should have shown this to be 
true.) 

2.3 A typical radio wave has a wavelength of 
1500 m. 

(i) What is its frequency? 

(ii) What would be the energy of one photon having 
this frequency? : 

(iii) Repeat the calculation ‘for red (visible) light, 
which has a_ wavelength of around 700nm. 
(1nm= 107? m.) 

2.4 Copper‘(i!) sulphate solution looks blue in colour. 
This is because it absorbs photons of red light. The 
photons are absorbed because their energy is used 
to make electrons belonging to the copper(il) ions 
move from a lower to a higher energy level. What is 
the difference between the two levels? 

(iv) [Sey Eco = KINO 100) == 1.618 x Onee alk 

(v) The gap becomes increasingly small; eventually 
zero. 

(vi) See Figure 2.6. 

2.2 (i) E,=nhf gives 
n=(2 107" J)6.626'< 10-4. six 10! Hz) 

so n=80. 

(ii) The energy is 
N=orclO 

(iii) An increase of 1 in n increases the energy by 
around 1 xh. The increase, which is of the order of 
10°-%4J, is completely impossible to observe. 

2.3. (i). f=c/X.=(3.x 10° ms: ')/(1500 m)= 2.102 hz 

(ii) E=hf=6.626x 10-4 J sx 2x 10° Hz= 1.325 x 

101% 3: 

(iii) f=c/A=(3 x 108m s~')/(700 x 10°? m) = 4.286 x 
10'*Hz. This leads to F=2.84 x 107'9J. 

mv?/2=18J. With f=1Hz, 

2.4 Using your answer to the last question, the dif- 
ference between the energy levels is 2.84 x 107'9J. 

UNIT 2 SUMMARY 

@ Energy changes in atoms and molecules are 
quantised. 

@ Electrons, atoms and molecules have their own sets 
of energy levels. 

e Light of frequency fhas energy E=hf, where / is the 
Planck constant, 6.626 X 10~*4J s. 
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@ The quantity if is a quantum of energy. 
@ The energy levels of electrons in atoms are given by 

E,,=nhf, where n is a whole number: a quantum 
number. 

@ The equation E=hf, or E,,=nhf, is Planck’s equation. 



Atoms and the nucleus 

3.1 A plum pudding 

The discovery that atoms contained electrons caused 
some consternation. Left to themselves, atoms were 
known to be electrically neutral; so the negative charge 
of the electrons had to be balanced by an equal amount 
of positive charge. The puzzle was to work out how the 
two types of charge were arranged. An initial guess made 
by Sir J. J. Thomson was that the electrons were embed- 
ded in a ball of positive charge (Figure 3.1). This model 
of the atom was given the rather unlikely name of the 
‘plum pudding’ model. If you were to put an imaginary 
hand into an atom you might be lucky enough ta pull 
out an electron; just like the nursery rhyme character 
Little Jack Horner, who was fortunate enough to put his 
hand into a pie and pull out a plum. 

The shaded area 
contains all the 
positive charge in 
the atom 

The electrons (—) are 
spread throughout the 
positive charge 

Figure 3.1 Thomson’s model of the atom. The shaded region 
shows the positive charge, equal but opposite to the total 
charge of the electrons 

3.2 How the nucleus was discovered 

You may have noticed that Thomson’s model has no 
nucleus for the atom. In 1909 H. Geiger and E. Marsden 
published the results of a series of experiments that they 
had carried out at the University of Manchester under 
the direction of Ernest (later Lord) Rutherford. Ruther- 
ford had a keen interest in the new science of radio- 
activity that had developed following the pioneering 
work of Becquerel and the_Curies (which we shall look 
at later). One of the early discoveries was that some 
elements gave off alpha-particles (a-particles). Alpha- 
particles were found to have two units of positive charge, 

Scattered 
a-particles 

Travelling 
detector 

Metal ian oe & 

eee 

Figure 3.2 Geiger and Marsden’s experiment on the scatter- 
ing of a-particles 

_ oe 

source 

and to be identical to helium atoms that had lost two 
electrons. That is, a-particles were helium ions, He?*. 
Geiger and Marsden directed a stream of a-particles at 
thin metal foils. They discovered that the particles were 
deflected through a wide variety of angles (Figure 3.2). 
The fact that they were deflected was not a surprise 
because the positive charge in the atom should repel 
them. It was the size of the angles of deflection that was 
the surprise. Some of them were deflected through as 
much as 150°. 

From the results in Table 3.1 you can see that only a 
tiny fraction of the particles were deflected through large 
angles; but the fact was that some were. In 1911 Ruther- 
ford showed that an atom with its positive charge spread 
around, like the atoms that Thomson had imagined, 

Table 3.1. The numbers of a-particles scattered 
by a gold foil in Geiger and Marsden’s 

experiments 

Angle of deflection/degrees Percentage of a-particles deflected 

15 93 
30 5 
45 ] 
60 0.34 

120 0.037 

150 0.023 
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could only deflect the particles through small angles. 
Large deflections could only occur if the positive charge 
were concentrated in a tiny volume of space. Rutherford 
showed that for gold the charge had to be within a 
sphere whose radius was no more than 3.2 X 107'*m. 
For other atoms much lighter than gold, this radius went 
down to as low as 3 X 107! m. At the time, the radius of 
an atom had been estimated to be around 2 x 10~'°m, so 
it does not take long to see that the positive charge in an 
atom must be collected in a sphere whose radius is some 
10 000 to 100 000 times smaller than the radius of the 
atom as a whole. In other words, between them, Ruther- 
ford, Geiger and Marsden had established that atoms 
contained a nucleus (Figure 3.3). 

Nucleus 

Figure 3.3 A problem with Rutherford’s atom. The positive 

nucleus is at the centre of the atom, but where are the 

electrons? 

Powertul 
electromagnet 

Water cooling 
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Photographic 
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bore = 0.1mm 

3.1. Rutherford did not discount the idea that the 
nucleus could contain electrons. For example, in 
1914 he said: ‘Since the experimental evidence indi- 
cates that the nucleus has very small dimensions, the 
constituent positive and negative electrons must be 
very closely packed together.’ 
Why do you think Rutherford thought electrons 

might be found in the nucleus? You will find it helpful 
to think about the case of oxygen. This element was 
known to have a relative mass of 16, but it had eight 
positive charges on the nucleus, and only eight 
electrons could take part in chemical reactions. 

3.3 The discovery of protons 

It is now well known that the positive charge in the 
nucleus of an atom is due to the presence of protons; that 
is, absolutely tiny quantities of positive electric charge. 
The charge of a proton is exactly the same size as, but 
opposite in sign to, the charge of an electron. The 
method used to establish the existence of protons made 
much use of an instrument called a mass spectrograph. 
The inventor of the mass spectrograph was F. W. Aston. 
In his apparatus (Figure 3.4), atoms with a positive 
charge, i.e. positive ions, were passed through a mag- 
netic field. The field was designed to bring atoms with 

Anode 

Charged 
particles 
enter 

Glass bulb 3 
(volume, 1.5dm*): 
the discharge 
tube 

| together make 
| the cathode 

Figure 3.4 Aston’s positive ray apparatus, also known as a mass spectrograph. The voltage applied to the anode and cathode 

was between 30 and 50kV. Note the relatively small scale of the apparatus. S = soft iron plates to protect discharge tube from 

magnetic field. (Diagram adapted from: Aston, F. W. (1924). Isotopes, Edward Arnold, London) 

14 Physical Chemistry 



different masses to a focus at different places on a photo- 
graphic plate. When the plate was developed, lines could 
be seen where ions had arrived at the plate. The way that 
Aston had designed his apparatus meant that these lines 
were shaped like parabolas. 

The key point about a mass spectrograph apparatus is 
that the path of an ion is curved when it travels through 
the magnetic field. The curvature depends on two things: 
the charge on the ion, g, and its mass, m. Ions with the 
same charge to mass ratio, g/m, will arrive at the same 
point on the detector. By doing some careful experimen- 
tal work and mathematics, Aston was able to measure 
the charge to mass ratio of a large number of ions. From 
his results developed the ‘whole number rule’. In effect, 

The original mass spectrograph used by Aston. This was set 
up in the Cavendish Laboratory in 1919, but is now in the 
Science Museum, London. 
A: anode connected to high potential terminal by induction 
coil below table; B: discharge tube; C: reservoir containing 

gas to be analysed; 1|,, l2: charcoal-liquid air tubes; S: soft 
iron plates to shield discharge from stray magnetic fields; L: 
leads from high tension battery to electric plates; M: magnet; 
T: small lamp to help with photography; V: vacuum-tight and 
light-tight control for moving photographic plate; W: camera 

showing light-tight cap on left; H: magnet-circuit ammeter; O: 

magnet-circuit control resistances; G: mercury pump for eva- 
cuating apparatus. Source: F. W. Aston, Mass Spectra and 
isotopes, London, Edward Arnold, 1924. 

this rule was that the charge to mass ratio of each ion 
was (very nearly) a whole number of times that for the 
hydrogen ion. It appeared that the hydrogen ion was the 
simplest ion, and that it formed the basic building block 
of all other ions (and atoms). The name proton, taken 
from the Greek word ‘protos’ meaning ‘first’, was given to 
the hydrogen ion. 

3.4 Moseley and atomic number 

The evidence that the positive charge in the nucleus was 
of fundamental importance was provided by H. G. J. 
Moseley. In experiments he performed in 1913 at the 
University of Manchester, Moseley bombarded a number 
of elements with cathode rays (electrons). The energy 
provided by the cathode rays caused the elements to give 
off X-rays. Moseley investigated the connection between 
the frequency of the X-rays and the nature of the ele- 
ment giving them off. He found that the square root of 
the frequency: 

... increases by a constant amount as we pass from one 
element to the next, using the chemical order of the 
elements in the periodic system. Except in the case of 
nickel and cobalt. . .. We have here a proof that there is 
in the atom a fundamental quantity, which increases by 
regular steps as we pass from one element to the next. 
This quantity can only be the charge on the central posi- 
tive nucleus, of the existence of which we already have 

definite proof. . .. We are therefore led by experiment to 
the view that N (the atomic number) is the same as the 
number of the place occupied by the element in the 
periodic system. 
We can confidently predict that in the few cases in 

which the order of the atomic weights ... clashes with 
the chemical order of the periodic system, the chemical 
properties are governed by N .... 

In the following year (1914), working in Oxford, he 
published a chart of his results, which showed a graph of 
atomic number plotted against the square root of the 
frequency of the X-rays. You can see part of the graph in 
Figure 3.5. 

In this way Moseley had shown that the atomic num- 
ber, which we recognise as the number of protons in the 
nucleus, determined the order of elements in the Periodic 
Table. 

3.5 Discovery of neutrons 

One of the results that Aston obtained was that the mass 
of an oxygen atom was about 16 times larger than the 
proton. Following Rutherford’s discovery of the nucleus, 
and Moseley’s investigation of atomic number, it was 
clear that the nucleus of oxygen only contained eight 
positive charges. Where the rest of the mass of the atom 
came from was resolved by James Chadwick in 1932: he 
discovered the neutron. 

The reason why it took so long to show the presence of 
neutrons was their lack of charge. This meant, for exam- 
ple, that neutrons would not show up in Aston’s mass 
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Square root of frequency/10°® 

Figure 3.5 Part of Moseley’s graph of integers he assigned to 
the elements plotted against square root of frequency of X- 
rays they emit. We now recognise the integers as the atomic 
numbers. (i) He did not investigate all the elements. (ii) The 
graphs are not exactly straight lines. (iii) The arrows mark 
spaces for elements that Moseley predicted were yet to be 
discovered. (iv) He said ‘The order chosen for the elements is 
the order of the atomic weights, except in the case of Ar, Co 

and Te, where this clashes with the order of the chemical 

properties’ 

spectrograph. The basis of Chadwick’s method was as 
follows. He placed a source of alpha-particles on one side 
of a sheet of beryllium. On the other side of the beryllium 
was a detector that would show the presence of any ions 
(Figure 3.6). 

Seah ald Paraffin 
y / block 

i Detector 
a a i; on ons TOU UOT CRD 

| : 

Figure 3.6 Chadwick’s discovery of neutrons. No paraffin 
block: no ions detected. Block present: ions detected. There- 
fore particles must have come from the beryllium and caused 
a reaction in the paraffin. The particles were neutrons 
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Without anything between the beryllium and the 
detector, very few ions were detected. However, when a 
block of paraffin was placed between the beryllium and 
the detector, the number of ions detected increased 
dramatically. These ions were shown to be protons. 
Particles must have been emitted from the beryllium. 
These hit the paraffin and caused protons to be emitted. 
However, because they had little or no effect on the 
detector themselves, they had no charge of their own. 
The uncharged particles were neutrons. 

3.2 Why could the mass‘ of a neutron not be 
determined in a mass spectrograph (or spectro- 
meter)? 

3.6 A comparison of electrons, 
protons and neutrons 

The mass of a proton was fairly easy to measure using 
Aston’s mass spectrograph. However, as we have seen, 
this method could not be used for measuring the mass of 
a neutron. Instead, neutrons were allowed to collide 
with other atoms. The velocities and masses of the 
particles emitted were measured. Then using the law of 
conservation of momentum, it was possible to calculate 
the mass of the neutrons. The mass of a neutron was 
found to be almost the same as that of a proton. You will 
find the values of the charge and mass of a neutron, 
proton and electron gathered together in Table 3.2. 
Owing to the very small mass of electrons, nearly all of 
the mass of an atom is due to the neutrons and protons. 

It is as well to remember that usually atoms are electri- 
cally neutral. This is because they have equal numbers of 
protons and electrons. The electrons travel around the 
nucleus in a way that we shall discuss in later units. If an 
atom is charged, it is because it gains or loses electrons; 
not because it changes its number of protons. 

Table 3.2. Values of the charge and mass of 
protons, neutrons and electrons* 

Charge/C Mass/kg Ratio of masses 

Proton M602 10m 2 SISO | 

Neutron 0.0 167 <ellOn 4a) 
Electron —1.602x10~'” 9.109107?! 1/1838 
EE 

*The values in the table are only approximate. Also, the ratio 
of the masses ignores the difference between the masses of 
the proton and neutron 

3.3. Let us use some ‘round numbers’ to estimate 
the sizes of atoms and their nuclei. Assume an atom 

to have a radius of 10-'°m, and a nucleus a radius of 
10-'6m. The formula for the volume of a sphere is 
Anr?/3. 



i) What is the volume of the atom? 

ii) What is the volume of the nucleus? 

iii) What percentage of the volume of the atom is the 
nucleus? 

( 

( 

( 

3.4 The mass of a hydrogen atom is about 
1.7x10-?’kg. Use this value together with your 
results from the previous question to answer the next 
three questions. 

(i) What is the density of a hydrogen atom? 
(Density = mass/volume.) 

(ii) What is the density of the hydrogen nucleus? 
(Ignore the mass of the electron.) 

(iii) The Earth has a mass of about 6 x 10**kg. If the 
Earth had the same density as a hydrogen nucleus, 
what would its radius be? Compare your answer with 
the real radius of the Earth, which is about 
6.4 x 10°m. 

3.7 Isotopes 

Virtually all of the mass of an atom is due to the neutrons 
and protons. As Moseley showed, every element has its 
own characteristic atomic number, and the elements in 
the Periodic Table are listed in the order of their atomic 
numbers. Together with protons, atoms also have 
neutrons in the nucleus. Sometimes neutrons and pro- 
tons are called nucleons. The number of protons and 
neutrons added together (or, the number of nucleons) 
gives us the mass number of an atom. In future we shall 
use the symbol Z for the atomic number and A for the 
mass number. If we also use N to stand for the number of 

neutrons, we have 

A=Z+N 

One of the results of mass spectrometry was that some 

elements consist of atoms with several different masses. 

For example, a sample of bromine was always found to 

have atoms with mass numbers 79 and 81 (see photo in 

Unit 29). Now, bromine has an atomic number of 35, so 

to give mass numbers of 79 and 81 we must have N= 44 

and N= 46. That is, the two kinds of atom are different 

because they have different numbers of neutrons. These are 

two isotopes of bromine. We can define isotopes in this 

Way: 

Isotopes are atoms that have the same atomic 

number but different mass numbers. 

It is useful to use a special labelling system for 

isotopes, or indeed any atom. The system is to write 

down the symbol of the element and then put the mass 

number as a superscript, and the atomic number as a 

subscript: 

mass number ——>4 E 

atomic number vs 

For example, we would show the two isotopes of 
bromine as 32Br and §!Br. We can call an atom represen- 
ted in this way a nuclide. 
We can use a similar notation to represent neutrons, 

protons and electrons. The scheme is shown in Table 3.3. 

Table 3.3. Standard notation for neutrons, 

protons and electrons* 

Symbol 

Neutron on 

Proton ip 

Electron te 

Positron ie 

*Here we have included the positron. A positron can be 
thought of as a positively charged electron. Positrons show 
up in the course of some nuclear reactions 

It is important that you realise that the chemical 
properties of an element mainly depend on the numbers 
of protons and electrons, not the number of neutrons. 
This means that, as a rule: 

The chemical properties of isotopes of the 
same element are identical. 

However, physical properties of elements often 

depend on the mass of the atoms. Therefore, isotopes of 

the same element can have different physical properties, 

e.g. melting and boiling points. Also, the rates of some 

reactions can depend on the isotopes present (especially 

those of hydrogen). 

3.5 How many neutrons and protons have 
the following nuclides: (i) }H; (ii) ‘80; (iii) '8C; 

(iv) $7Cl; (v) ‘331? 

3.8 Atomic mass units 

The actual values of the masses of protons, neutrons and 
the atoms they make up are so small that they are not 
very convenient to use. Rather than use their true, or 
absolute, masses we can use a scale of relative values. At 
present the scale defines the mass of a '%C atom as exactly 
12 units. This is the carbon-12 atomic mass scale. Table 3.4 
shows the values of the atomic masses of neutrons, pro- 
tons and electrons on this scale. Notice that the atomic 

masses have no units. 
In the past, different atomic mass scales have been 
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Table 3.4. Atomic masses of neutrons, protons 
and electrons on the carbon-12 scale 

Atomic mass* 

Neutron 1.008 665 

Proton 1.007 265 

Electron 0.000 549 

*1 atomic mass unit (amu) = 1.660566X10-7’ kg 

used. For example, the mass of an oxygen atom was 
once chosen to be exactly 16 units. On this scale the 
atomic masses differ by about 0.03%. For much of 
chemistry this difference is so small that it can be 
ignored; but for accurate work the difference must be 
taken into account. In this and any other modern 
chemistry or physics textbook, you should find that the 
carbon-12 scale is used. 

3.9 Relative atomic and molecular 

masses 

The majority of elements are found in nature as a mix- 
ture of isotopes. For example, a sample of bromine that 
you might make in the laboratory contains two isotopes: 
bromine-79, 32Br, and bromine-81, §{Br. A mass spec- 
trometer can be used to find out the masses of these 
isotopes. Using the carbon-12 scale, their relative 
isotopic masses are 78.919 and 80.917, respectively. 
(Notice that we have used the word ‘relative’ here; this 
emphasises that we are taking their masses relative to an 
atom of carbon-12.) These values can be determined by 
using a mass spectrometer. The spectrometer will also 
show us the proportions of each isotope. Any naturally 
occurring sample of bromine contains approximately 
50.52% of 32Br and 49.48% of §;Br. Thus the average 
mass of a bromine atom will be 

DON 2 49.48 
= tehO) OT SX 78.919 X 100 100 = 79.908 

We call this figure the relative atomic mass of bromine. 
Relative atomic masses are given the symbol A,, and we 
show the element to which they refer in brackets. For 
example, 

A,(Br) = 79.908 

You will probably find the value given as 79.91, 79.9, or 
even 80 in some tables of relative atomic masses; it 
depends on the accuracy of the figures in the tables. 
Relative atomic masses of some of the more common 
elements are shown in Table 3.5. The figures have been 
given to the accuracy normally expected of work at this 
level of chemistry. 

In a similar way we calculate values of relative molecu- 
lar mass, M,. For example, the relative molecular mass of 
a bromine molecule, Br,, is 2 x A,(Br), i.e. M,(Br2) = 
159.816, or, less accurately, M,(Br,) = 160. 

There is one small point you should know about. It is 
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Table 3.5. Relative atomic masses of some 

elements 

Element A, Element A, 

Hydrogen 1.0 Sodium 23.0 
Carbon 12.0 Magnesium 24.3 
Nitrogen 14.0 Potassium Eee l 

Oxygen 16.0 Iron 55.8 
Sulphur 32.0 Copper 63.5 
Chlorine 85> Silver 108.0 
Bromine T99 Gold 197.0 
Iodine 127.0 ILA p= = 207.0 

that we use relative molecular masses even for sub- 
stances that are not made of molecules. An example is 
sodium chloride, NatCl~, which contains sodium ions 
and chloride ions. Even though there are no sodium 
chloride molecules, we use the values A,(Na) = 23 and 
A,(Cl) = 35.5 to give us M,(NaCl) = 58.5. 

In Unit 29 you will discover how mass spectrometer 
readings can be used to determine relative molecular 
masses. 

3.6 Why do values of relative atomic and relative 
molecular mass have no units? 

3.7 The relative atomic mass of chlorine is quoted 
as 35.5. A sample of chlorine made in the laboratory 
is a mixture of $$Cl and #2Cl. What are the percent- 
ages of the two isotopes in chlorine? Use the mass 
numbers in the calculation, as these will provide 
reasonable estimates of the percentages. (Hint: call X 
the percentage of #7Cl and (100 — X) the percentage 
of 8Ci.) 

3.8 Calculate the relative molecular masses 
of the following substances: (i) H,O; (ii) H,SO,; 
(iii) MgSO,; (iv) AgNO; (v) FeCl. 

3.10 Einstein’s equation 

Thorium-228 is an isotope that is radioactive. It gives off 
a-particles. Let us look at some results of measurements 
of the masses of the nuclides in the radioactive decay of 
thorium-228, 738Th: 

228Th-> 224Ra + 4He 
The masses of these nuclides are shown in Table 3.6. 

If you add up the mass of the radium-224 and a- 
particle, you will find that it comes to 228.022 800 amu. 
This is /ess than the mass of the thorium-228 by 
0.005 926amu. This may strike you as a rather small 
amount; but the idea that any mass at all has ‘disap- 
peared’ is a strange one. The problem is, where has the 
‘missing’ mass gone? It is, or was, one of the basic ideas 



Table 3.6. The masses of nuclides in the decay of 
228Th 
90 

Nuclide Mass/amu 

228TH 228.028 726 

224Ra 224.020 196 
sHe 4.002 604 

of science that mass cannot be created or destroyed; that 
is, it should be conserved. Nuclear reactions like this 
show that the law of conservation of mass is not strictly 
correct. It was Albert Einstein who provided the 
explanation. He showed that mass and energy were 
related to one another. Every mass, m, has an energy 
content, E, which is given by Einstein’s famous equation 

E=mc? Einstein’s equation 

where cis the speed of light (2.998 xX 108m s~'). The total 
energy (including the energy content of the masses) must 
be conserved. The difference in mass that we have dis- 
covered in the case of the alpha decay of thorium-228 is 
due to the fact that energy is released in the decay. We 
can use Einstein’s equation to calculate this energy. 

First we must convert from atomic mass units to the 
normal units of mass, kilograms. We know that 
l amu= 1.661 X 10-?’ kg. Therefore the ‘missing’ mass is 

0.005 926 x 1.661 x 10-2’ kg, i.e. m=9.841 X 10°-*°kg. 

This gives 

E=9.841 X 10° *° kg X (2.998 X 108m s“')? 
= 8.845 x10" 3 

While this is not a great deal of energy in itself, if we had 
one mole of thorium-228 (about 228 g) with each of the 
6.02 x 10? atoms giving off alpha-particles, there would 
De: 6.02 90107268845 * 10 I, sore 5325 X20 Ie ice; 

about five hundred thousand million joules. We would 
need to burn at least 20 tonnes of coal to produce the 

Atomic 
mass 
units 

2p + 2n + 2e 
4.032 958 aT 

0.030 355 

He 
4.002 603 

Figure 3.7 An a-particle ($He) is energetically more stable 
than its component particles. (Atomic mass units are also a 
measure of energy) 
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Figure 3.8 This diagram shows that the elements with greatest binding energy per nucleon have mass numbers in the range 50 to 
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same amount of energy! (If you do not know about the 
mole in chemistry, read Unit 37.) 

3.11 Binding energy 

We can use the figures in Table 3.4 to calculate the mass 
of a helium atom, $He. This atom contains two protons, 
two neutrons and two electrons. Adding up the masses 
we find that 

mass of $He 
=2 X (1.007 265 + 1.008 665 + 0.000 549) 

=4.032 958 amu 

—_ Ts RK 

The actual mass of $He determined from experiment is 
4.002 603 amu. This is 0.030 355 amu /ess than the sum 
of the masses of the separate particles. In terms of 
energy, this means that $He is Jower in energy than the 
separate particles from which it is made (Figure 3.7). In 
the previous unit we found that a lowering in energy 
implies an increase in energetic stability. The energy dif- 
ference is called the binding energy (Figure 3.8). The 
larger the binding energy for an atom, the more energeti- 
cally stable it is compared to the separate particles from 
which it is made (Figure 3.9). 
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Figure 3.9 This chart shows that elements towards the beginning of the Periodic Table tend to have equal numbers of neutrons 
and protons. The further down the Periodic Table, the greater the proportion of neutrons. (Adapted from: Semat, H. (1962). 
Introduction to Atomic and Nuclear Physics, 4th edn, Chapman & Hall, London, figure 14.1) 
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3.12 Mass defect and mass excess 

Except for carbon-12 the atomic mass of an isotope is 
never a whole number. On the other hand, because the 
mass number, A, is the total number of protons and 
neutrons, it is always a whole number. The difference 
between them is sometimes called the mass defect, i.e. 

mass defect = atomic mass — mass number 

Carbon-12 is an exception because its atomic mass is 
defined to be exactly 12. The atomic number of this 
isotope is exactly 12 as well. Therefore, as a result of our 
definition of atomic mass scale, the mass defect of !2C is 
exactly zero. Owing to the equivalence of mass and 
energy, this isotope represents a zero on an energy scale. 
Experiments that are used to study nuclear reactions are 
often designed to measure the energies of the particles 
rather than their masses. As a result, mass defects are 
usually quoted in units of energy, especially millions of 
electron volts, MeV. (If an electron is accelerated 
through a potential difference of 1 V, then it gains an 
energy of one electron volt, 1 eV.) Table 3.7 gives some 
values of mass defects. When the atomic mass is greater 
than the mass number, we have a positive mass defect. A 
positive mass defect is often called a mass excess. Table 3.8 
shows how to convert energy and mass units. 

Generally, nuclides with large mass excesses are found 
towards the end of the Periodic Table and they tend to be 
radioactive. That is, their nuclei tend to break up spon- 
taneously and change into other particles of lower 
energy. However, we cannot be sure that a nuclide will 
be radioactive just because it has a mass excess. On the 
other hand, nuclides with large negative values tend not 

Table 3.7. Some mass defects and excesses 

Nuclide Mass defect Nuclide Mass defect 
or excess/MeV or excess/MeV 

1H T2289 eRe —60.604 

sHe 2.425 eel —88.980 

7Be 11.348 2c8Pb 2/59 

ra 0.000 222 Tin 35.447 

Ae 3.020 eas) 40.916 

Ae. —4.737 aU) 47.307 

0 —0.783 27 PU 54.715 

Cl —29.014 AN Gi 74.127 

eK —33.535 7¢2Ha 106.04 

Table 3.8. Conversion between energy and mass 
units 

MeV 1602 <1 0m oad) 
1 MeV = 1.602107 J 

1 atomic mass unit, 1 amu = 1.661107’ kg 
935.502 MeV 

1 electron volt, 

to be radioactive (but again this is not always the case). 
The elements in the Periodic Table beyond uranium — 
the transuranium elements — are all liable to be radioac- 
tive. A great deal of research has been done to try to 
make new transuranium elements, but with little 

success. 
In Unit 6 you will find that mass defects can be used in 

calculations to discover how much energy is expected to 
be released in a nuclear reaction. 

Answers 

3.1. The point is that neutrons were unknown, so all the 
mass of the nucleus was thought to be due to the posi- 
tive charges in the nucleus. Hence the idea was that 
oxygen must have 16 positive charges in its nucleus. 
However, this would give it a charge of +16, which 

would need 16 electrons to keep the atom neutral. As 
only eight electrons were outside the nucleus, the 
assumption was that there were another eight strongly 
joined to eight of the positive charges in the nucleus. 

3.2 The neutron has no charge, and only charged 
particles can be deflected in a mass spectrometer. 

5 —10 3 

3.3. (i) Volume=2*2* U0 "mY _ 4.x 10-m*. 

—16 3 

(ii) Volume = 4xnx (10 oy 
4.2 x 10-48 m?. 

(iii) By dividing the answer to (ii) by (i) and multiplying by 
100, we have 10° '©%, i.e. exceedingly small. 

3.4 (i) Density of the atom 

=(1.7 x 10-27 kg)/(4.2 x 10 -%° m°) = 400 kg m *®. 

(ii) Density of the nucleus 
=(1;7 x10 = kg)i(4.2 x10 ** m?) =4 < 10° kg im. 

(iii) The volume of the Earth would be 

6 x 10**kg 

4x 107°kg m-? 

i.e. about 1.5 10*m°%. This gives a radius of around 
15m. Notice that even a material like mercury (which we 
would consider to be very dense) pales into insignifi- 
cance compared to the nuclei of atoms. Although it is 
unlikely that the Earth is going to collapse into a ball of 
15m radius, it is believed that this type of collapse does 
happen to some stars, which go on to produce ‘black 

holes’. 

3.5 -(} 1p, On; (ii) 8p, 8n; (iii) 6p, 8n; (iv) 17p, 

18n; (v) 5383p, 74n. 

3.6 The masses are compared to those of an atom of 
carbon-12 (taken as 12 units). For example, the relative 
isotopic mass of 2Br = 78.919 means that it is 78.919/12 
times heavier than an atom of '8C. The absolute masses 
of the isotopes are, of course, measured in kilograms 
and also extremely small in value. 
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Answers — contd. 

3.7 We must have 

% (00e XV 5a 555 X37 + G99 35 = 35.5 

which gives X= 25%. Chlorine contains 75% ?Cl and 
25% 37Cl: 

3.8 (i) 18; (ii) 98; (iii) 120.3; (iv) 170; (v) 162.3. 

UNIT 3 SUMMARY 

@ Atoms have a radius ~107'°m. 
Each atom has a nucleus of radius ~107'°m. 

@ The nucleus contains neutrons and protons, which 
make up the bulk of the mass of an atom; electrons 
travel around the nucleus. 

® Neutrons are electrically neutral; a proton carries a 
positive charge equal in magnitude to the negative 
charge on an electron. 

@ Atomic number=number of protons. 
@ Mass number=number of protons+number of 

neutrons. 
@ Moseley showed that the position of an element in 

the Periodic Table depended on its atomic number. 
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e@ Isotopes are atoms with the same atomic number but 
different mass numbers: we write 7E, where A is 
the mass number and Z*is the atomic number. 

®@ The atomic mass scale assigns the mass of an atom of 
carbon-12 ('ZC) to be exaetly 12 units. 

e@ The relative atomic mass of an element is the average 
atomic mass of its naturally occurring isotopes. 

e@ Einstein’s equation, E=mc’, shows that mass and 
energy are related. A loss in mass during a nuclear 
reaction will appear as energy. 



Discovery of radioactivity 

4.1 The discovery of radioactivity 

In early 1896 Henri Becquerel was carrying out a series 
of experiments on fluorescence. He placed a piece of 
photographic film between two pieces of black paper. On 
the top of one of the sheets of black paper he put a thin 
layer of potassium uranium sulphate. The small parcel 
was left in sunlight for a few hours. When Becquerel 
developed the film he found that it had the same 
appearance as if it had been exposed to light. He set up a 
further set of similar experiments, but the weather was 
against him: it was very cloudy for several days. In the 
meantime he stored his photographic plates and 
uranium compound in a drawer. Perhaps for no reason 
other than boredom or impatience, Becquerel developed 
one of the plates. To his surprise the plate had been 
blackened. This was a most unexpected result. For some 
time Becquerel, and others, thought that he had dis- 
covered a new type of fluorescence, but we now know 
that the blackening of the plate was due to the radiation 
given off by the uranium compound. In this rather 
strange way Becquerel had discovered radioactivity. 

In fact the name ‘radioactivity’ was invented some 
time later by Marie Curie. This remarkable woman won 
the Nobel Prize twice: for Physics in 1903 in conjunction 
with her husband, Pierre Curie, and Henri Becquerel; 
and for Chemistry in her own right in 1911. She was a 
woman of remarkable persistence and fortitude. In the 
winter of 1897/98, Marie Curie set about the task of 
establishing the nature of the radiation from pitchblende, 
the major ingredient of which was uranium. Secondly, 
she began testing all the then known elements to see if 
they were radioactive. She discovered that minerals that 
contained uranium or thorium were invariably radioac- 
tive. However, of more interest was the fact that some 
minerals appeared to be far more radioactive than would 
be expected from the amount of uranium or thorium 
that they contained. This was the first indication that, 
lurking in these minerals, there was at least one new, 
undiscovered, element; one that was highly radioactive. 

aS 

Marie and Pierre Curie with their daughter Iréne in 1904. 
Source: Eve Curie, Madame Curie London, Heinemann, 1943. 

4.1 Eventually it proved possible to isolate about 
0.25 g of radium from 1 tonne of pitchblende residue. 
What was the percentage of radium in the residue? 
Marie Curie used to work with about 20 kg of residue 
at a time. What mass of radium would be present in 
each 20kg load? What does this say about the 
accuracy with which she worked? 
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4.2 New elements 

It was clear to the Curies that if a new element did exist it 
must be present in the minerals in minute amounts; 
otherwise it would have been discovered by the usual 
methods of chemical analysis. They obtained several 
tonnes of pitchblende residue from.a mine in Austria. 
The process of analysing and purifying the residue was 
mainly the responsibility of Marie Curie. It took almost 
four years of hard work in the poorly equipped 
laboratory before the isolation of the new element was 
complete. Marie Curie’s daughter, Eve, described the 
conditions in which Marie worked in this way: 

The shed in the Rue Lhomond surpassed the most 
pessimistic expectations of discomfort. In summer, 
because of its skylights, it was as stifling as a hothouse; 
in winter one did not know whether to wish for rain or 
frost; if it rained, the water fell, drop by drop, with a soft, 
nerve-racking noise, on the ground or on the work- 
tables, in places which the physicists had to mark in 
order to avoid putting apparatus there; if it froze, one 
froze. 

In 1902 Marie finally succeeded in isolating about 

Two views of the shed at the school of physics on the Rue 
Lhomond where radium was isolated. Source: Eve Curie, 

Madame Curie, London, Heinemann, 1943. 
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0.1 g of the new element, radium. She measured its rela- 
tive atomic mass as 225. (The modern value is 226.) A 
second new element, polonium, was also isolated in tiny 
amounts. In a neighbouring laboratory, Andre Debierne 
removed another new radioactive element, actinium, 
from some rare clays. 

4.3 Some properties of radiation 

It was possible to detect radiation in several ways. The 
most straightforward was that radiation, would affect 
photographic plates or paper. Of more interest was that, 
where radiation passed through air, ions could be detec- 
ted. At first it was not clear whether the ions were the 
rays themselves, or whether the rays caused molecules in 
the air to form ions. In fact, it was a mixture of both. 
Three types of ionising radiation were discovered. These 
were the alpha-rays (a), beta-rays (8) and gamma-rays 
(y). Alpha- and beta-rays could be bent by making them 
travel through electric or magnetic fields. This showed 
that they were charged. Beta-rays could be bent more 
easily so they were known to be lighter than alpha-rays. 
By performing experiments to measure their charge to 
mass ratios, it was established that the beta-rays were 
electrons, and the alpha-rays were helium ions, He?*. 
Gamma-rays were uncharged. They were able to pass 
through matter with remarkable ease and proved to bea 
type of high energy electromagnetic radiation. 

Alpha-particles would only travel short distances 
through air (about 4 or 5cm), and were easily stopped 
by thin sheets of paper or aluminium (Figure 4.1). Beta- 
rays travelled easily through air. They were, however, 
stopped by sheets of aluminium a few millimetres thick. 
Gamma-rays were stopped only by considerable thick- 
nesses of very dense elements like lead (Table 4.1). 

These properties of radiation were soon established; 
other properties were discovered in more accidental 
ways. For example, Henri Becquerel was in the habit of 
carrying a tube of radium in his waistcoat pocket. Given 
our knowledge of the harmful effects of radiation, this 
seems rather reckless, especially because he soon began 
to suffer from ‘burns’ caused by the radiation. The realis- 

Several millimetres 
of aluminium 

ye Se od 

B 

i og 
Paper Thick 

Oleg block 
very thin of lead 
aluminium 

Figure 4.1 The penetrating power of radiation follows the 
order: (least penetrating) a<B<y (most penetrating) 



Table 4.1. Properties of alpha-, beta- and gamma- 
rays* 

Type Alternative Charge Penetra- Stopped 
name ting power by 

Alpha,a Helium nucleus +2 Low Air or 
(2 protons + paper 

2 neutrons) 

Beta, B Electron =I Medium Thin alu- 
minium 

Gamma, High energy 0 High Thick lead 
electromagne- 
tic radiation 

(Positron Positive tal Medium Thin alu- 
electron minium) 

*You will see that a fourth type of radiation has been added 
to the list (in brackets). Positrons have the same mass as 
electrons, but they have positive rather than negative charge 

ation that radiation could cause changes in the 
behaviour of the cells in living things was put to good 
use by treating tumours with the radiation from radium. 
It was found that, in many cases, tumours could be 
destroyed. Radium was looked upon as an almost mir- 
aculous substance. In the 1900s it became the most valu- 
able material on Earth. 

It took longer to discover that radioactivity could have 
fatal effects. Over a number of years, workers: in 
laboratories where radium and other radioactive 
materials were used became ill, and many died. Indeed, 
in July 1934 at the age of 66 Marie Curie died of perni- 
cious anaemia, almost certainly brought on by the harm- 
ful effects of radiation on her bone marrow. 

4.2 Lord Rutherford and H. A. Geiger showed that 
1g of radium would emit about 3.6x10"° alpha- 
particles per second. The speed of the alpha-particles 
was nearly 10’m s_'. Take the mass of an alpha- 
particle as 6.6x10-2’kg. Calculate the total kinetic 
energy of the alpha-particles emitted from 1g of 
radium in 1s. 

4.4 Units/of radioactivity 

Radium is one of the most radioactive substances 
known. One gram (1g) of pure radium emits about 
3.7 x 10'° alpha-particles each second. This is also the 
number of disintegrations of radium atoms each second. 
The first unit of radioactivity, called the curie, Ci, was 
defined as 3.7X10'° disintegrations per second. 
However, the curie is such a large unit of radioactivity 
that it has fallen into disuse. The modern SI unit of 
activity is the becquerel, Bg. One becquerel is defined as 
one disintegration per second. 

With the knowledge that radiation can be harmful, it 

Table 4.2. Units of radioactivity 

Name Symbol Defined to be 

Curie Ci 3.7X10'° disintegrations per second 
Becquerel Bq One disintegration per second 
Gray Gy 1 kg of tissue receiving 1 J of energy 
Sievert Sv gray X quality number of radiation (e.g. 

20 for alpha, 1 for beta) 

is sensible to use a method of measuring radiation that 
gives us information about the effects it might have on 
living things. The effects of radiation depend on a num- 
ber of factors. One is the length of time the radiation is 
present in body tissue; others are how concentrated the 
activity is in the tissue, and the type of radiation. For 
example, a quantity of radiation that is concentrated in 
1 kg will be more dangerous than if it is concentrated in 
100 kg. Similarly, alpha-radiation is more dangerous to 
health than beta-radiation. To take account of such fac- 
tors, two further measures and units of radiation have 
come into use. These are the gray, Gy, and the sievert, Sv 
(Table 4.2). One gray is equivalent to 1 kg of tissue 
receiving a dose whose energy equivalent is one joule. 
(You will discover how to calculate the energy associated 
with radiation in Unit 6.) The sievert is related to the 
gray in the following way: 

sievert = gray X quality number 

For example, alpha-particles have a quality number of 
20, which reflects their danger compared to beta- 
particles, which have a quality number of 1. 

There is still no agreed safe level of radiation; but no 
one should receive a dose of more than 0.05 Sv ina year. 
A concentrated dose of just 3 or 4 Sv is likely to be fatal. 
Around 20 to 30 workers at the Chernobyl accident 
received fatal doses of this size. Owing to the fairly high 
level of radiation represented by a sievert, a more com- 
mon quantity is the millisievert, mSv. (1 mSv= 10? Sv.) 
You may gain an idea of how much radiation this 
represents if you know that the naturally occurring pot- 

assium-40 contained within your body represents a dose 
of about 0.2 mSv. Also, you may be receiving a dose of 
1 mSv every year from cosmic rays. 

4.5 Nuclear reactions 

Following the discovery of radium there af a great deal 
of interest in finding out if any other elements were 
naturally radioactive. There were some successes. For 
example, eventually samples of potassium and rubidium 
were found to be very weakly radioactive. However, in 
early 1934 Marie Curie’s daughter, Irene, and her 
husband F. Joliot announced that they had prepared 
radioactive samples of boron and aluminium in their 
laboratory. They had achieved this by placing the ele- 
ments in a beam of alpha-particles. The radioactive sam- 
ples were positron emitters. In the case of boron the 
following reactions took place: 
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first 10B +4He>3N+in 

then N>'2C 4+ %e 

The first reaction is an example of a nuclear reaction. 
The collision of an alpha-particle with a boron-10 
nucleus results in the formation of another element and 
the emission of a neutron. We can summarise this reac- 
tion in the following way: '$B(a,n)'3N. The starting 
isotope is shown at the beginning and the product 
isotope at the end. Between the two, in brackets, we find 
the particle that is used to bombard the isotope followed 
by the particle emitted. 

In Table 4.3 are shown a number of different nuclear 
reactions, some of which we shall examine in more 
detail shortly. In each reaction, the sum of the mass 
numbers on the two sides of the equation must be the 
same. So, too, must the sums of the atomic numbers 
agree. 

Table 4.3. Some nuclear reactions 

Reaction Equation 

(1) {ZAI (an) {3P 27Al +$He—>?8P +n 

(2) '4N (a,,p)1Z0 4N +$He—>%0 +Ip 
G)* 2380 (n.y)°33U BU ton 2320 ty 
(4)+ 'N (np) '6C "IN +on > "6C +1P 

*Reaction (3) is used in nuclear power reactors to produce 

plutonium-239 
+Reaction (4) is responsible for the production of carbon-14 
in the atmosphere 

4.3 Complete these nuclear equations: 

(i) ZLi+ $He—'0B + ? 

(ii) *3F + 2+79Na+t gn 

(iii) *38Cm—?36Pu + ? 

(iv) §Lit+ jn? + 3He 

(v) '43B+3He->jH+ ? 

(vi) $8Cu+ jp>34Na+ ?+ dn 

4.4 Write out these changes in full: 

(i) 73Al(a,p)$2Si 

(ii) "@C(y,a)4Be 
(iii) ZLi(p,a)3He 

4.5 §3Ni is a B-emitter. 

(i) What is a B-particle? 

(ii) What is made in the reaction? 

4.6 ?2P is also a B-emitter. What is the product of the 
decay? 
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4.6 Artificially prepared elements 

Reactions like those shown in Table 4.3 can sometimes 
be brought about quite simply; for example, by placing a 
source of alpha-particles or neutrons in front of the 
target element. However, this method is just not good 
enough for many reactions. It may be that very intense 
beams of particles may be needed, or that the bombard- 
ing particles have to have very high energies to penetrate 
the nucleus of a target atom. Different nuclei have dif- 
ferent abilities to ‘react’ with an invading particle. If very 
high energy particles are required they can be obtained 
in one of the several types of accelerators that have been 
built. Accelerators use electric fields to accelerate 
particles up to very high speeds. A particle type of 
accelerator called a cyclotron haS been used to prepare a 
number of completely new elements; that is, elements 
that do not occur naturally on Earth. For example, G. T. 
Seaborg used a cyclotron to accelerate the nuclei of car- 
bon-12 atoms to high speeds and make them collide 
with uranium-238 atoms. The reaction that took place 
produced isotopes of the new element californium, Cf 
(element number 98 in the Periodic Table). For example, 

28 + 12C-s244Cf + 6kn 

The heavy elements up to atomic number 106 have been 
prepared in a similar way (Table 4.4). Often they have 
been isolated in remarkably small amounts, perhaps as 
little as one or two hundred atoms. This has meant that 
an almost entirely new set of chemical techniques have 
had to be developed to deal with them. 

Table 4.4. Table of artificially produced elements 

Name Symbol Atomic number Discovered 

Technetium ie 43 1939 

Astatine At 85 1940 

Neptunium Np 93 1940 

Plutonium Pu 94 1941 

Americium Am 95 1944 

Berkelium Bk 97 1949 
Californium Gf 98 1950 

Einsteinium Es 99 1952 

Fermium Fm 100 1953 

Mendelevium Md 101 1955 

Nobelium No 102 1958 

Lawrencium eye 103 1961 

Rutherfordium Rf 104 1969 

(Unnilquadium)*  (Unq) 
Hahnium Ha 105 1970 

(Unnilpentium)* (Unp) 

Unnilhexium* Unh 106 1974 

*The naming of elements after lawrencium can follow a new, 
systematic, pattern, which is connected with the element’s 
atomic number. The first two letters tell us how many 
hundreds (e.g. Un = one), the next three how many tens 
(e.g. nil = 0), and the rest the units (e.g. quad = 4, pent = 5, 
hex = 6, hept = 7 and so on) 



4.7 Asad ending 

This has been a very brief account of the beginning of 
research into radioactivity. We have seen that the new 
knowledge was won at some cost. As we now know 
only too well this knowledge can be put to good as well 
as evil uses. Marie Curie realised the significance of her 
discoveries far better than most. One of her major 
achievements was the founding of the Radium Institute 
in Paris where much of the early work on the use of 
radioactivity in the treatment of disease was done. Her 
achievements were truly remarkable, especially so in 
that for the last 28 years of her life she had worked 
without the assistance and encouragement of her 
husband, Pierre. (He was a scientist of the first rank 
himself.) It is easy to forget that when we read. about the 
results of achievements like those of the Curies, behind 
the bare information there lies the lives of human beings. 
By all accounts Pierre and Marie were very happily mar- 
ried, and in 1906 they already had two young children. 
Marie had to cope with running the household as well as 

Answers 

4.1 0.25g is 2.5x10“*kg, and 1 tonne is 1000kg. 
Thus the percentage of radium is 

2.5 x 10°*kg o% = 50% 
1000kg x 100% =2.5x 10°°% 

There would be 0.25g x 20kg/1000kg=0.005g of 
radium in each 20kg load. She not only had to be 
extremely accurate but, as important, consistently this 
accurate over four years. 

4.2 The kinetic energy (3mv’) of one alpha-particle is 
3.3x10°'%J. Thus the total energy released is 
3.3 x 10° JU x 3.6 x 10'°=0.0119J. If you think about 
the answer for a moment, you may realise that there is a 
problem: what is the origin of the energy? Put simply, 
where does the energy come from? The answer lies in 
an understanding of the structures of the nuclei of 
atoms. See Unit 6 about this. 

working very long hours in her ‘hut’. Not only did she 
cope with these two demanding aspects of her life, but 
also from April 1906 she coped alone. Pierre Curie was 
killed in a road accident. His daughter, Eve, described 
what happened: 

Pierre had fallen beneath the feet of the powerful 
horses. . .. Pierre was down, but alive and unhurt. He did 
not cry out and hardly moved. His body passed between 
the feet of the horses without even being touched, and 
then between the two front wheels of the wagon. A 
miracle was possible. But the enormous mass, dragged 
on by its weight of six tons, continued for several yards 
more. The left back wheel encountered a feeble obstacle 
which it crushed in passing: a forehead, a human head. 
The cranium was shattered and a red, viscous matter 
trickled in all directions in the mud: the brain of Pierre 
Curie. 

In spite of such a personal disaster, Marie continued her 
work, and raised her family. Five years later she was 
awarded her second Nobel Prize. 

4.3. The missing particles are: (i) $n, (ii) He, (iii) $He, 

(iv) $H, (v) "gC, (vi) 78K. 
4.4 (i) 2ZAl+ tHe—$9Si+ {p 

(ii) '2C + y—>§Be + 3He 

(iii) ZLi+ }p—>3He + $He 

4.5 (i) An electron. 
(ii) An electron is emitted when a neutron changes into 
a proton. This means that the atomic mass stays the 
same, but the atomic number increases by one. The 

new element made is one to the right of nickel in the 
Periodic Table. The nuclide made is $3Cu. 

4.6 The new nuclide is sulphur-32, 32S. 

UNIT 4 SUMMARY 

ee ESSE 

@ The three types of radiation are alpha (a), beta (B) 
and gamma (y). For a review of their properties, 

see Table 4.1. 
e In nuclear reactions, the total charge of the reactants 

and products must be the same. A common 
change that takes place in nuclear reactions is 

neutron — proton + electron, or gn > |p + _{e. 
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Radioactive decay 

5.1 Detection of radiation 

Becquerel’s way of detecting radiation was, at first, to 
use photographic paper. This was of little use for accu- 
rate work. Instead, radiation was detected by measuring 
its charge, or the charge that it produced when it trav- 
elled through air. The main piece of equipment was 
called an electroscope (very much the same thing as a 
gold leaf electroscope that you may have come across if 
you have studied physics). Unfortunately, electroscopes 
proved very difficult to use accurately and it soon 
became a matter of urgency to develop better devices. In 
this section we shall take a brief look at some of the main 
methods that have been used to detect radiation. 

(a) Spinthariscopes 

A spinthariscope was essentially a tube with a zinc sul- 
phide screen at one end (Figure 5.1). The screen was 
made of zinc sulphide plus a little impurity, such as 
copper. When alpha- or beta-rays struck the screen, a 
small flash of light would be given out. The experimenter 
would look at the screen through a microscope and 
count the number of flashes. Spinthariscopes could be 
used to measure the rate at which radioactivity was 
emitted, but their use could be troublesome. For the 
experimenter it was extremely tedious, and often errors 
would be made because imaginary spots of light would 
be seen in front of his or her eyes and counted as real 
spots. To get over this problem a method of automati- 
cally detecting the spots of light was needed. This was 
the job of scintillation counters. 

(b) Scintillation counters 

A scintillation counter is a glorified spinthariscope. 
Instead of using the human eye to record the small 
flashes of light, they are detected by a photomultiplier 
tube. In this type of tube the light causes electrons to be 
ejected, which in turn cause further electrons to be ejec- 
ted, and so on. Eventually so many electrons are present 

that a large pulse of electricity is produced. This can be 
amplified and the signal sent to a meter. 
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Figure 5.1 A type of spinthariscope that was once on sale to 
the public é 

(c) Geiger—Muller counters 

A Geiger—Muller counter (or just Geiger counter for 
short) consists of a metal cylinder surrounding an inner 
wire (Figure 5.2). The cylinder is closed at one end, and 
has a window of mica or thin aluminium at the other 
end. The cylinder is negatively charged and the wire 
positively charged. Inside is trapped a small amount of 
argon, together with an organic vapour such as ether. 
When ionising radiation enters the tube, positive ions 
produced from collisions with argon travel towards the 
cylinder. These ions can, in turn, collide with more 
argon atoms and cause them to ionise. In this way there 
is an avalanche effect, where a small amount of radiation 
can cause a very large number of ions to be formed. 
Electrons, which are also produced by the collisions, go 
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Figure 5.2 In a Geiger counter ionising radiation produces a 
burst of electrons and positive ions. These cause a short 
pulse of electricity that is amplified by the electronics connec- 
ted to the tube 

to the wire. The arrival of charges at the cylinder or wire 
produces a pulse of electricity that is amplified and fed to 
ameter, which records the level of radiation entering the 
tube. It can also be used to trigger a small loudspeaker to 
produce the characteristic ‘click-click-click’ of the 
counter. The organic vapour is there to ‘mop up’, or 
quench, any unwanted ions that are made when the 
original ions collide with the cylinder. 

(d) Cloud chambers 

The basis of the cloud chamber was invented in 1911 by 
C. T. R. Wilson. His apparatus made use of the ions that 
are produced when radiation passes through air. Water 
or alcohol vapour was introduced into the apparatus 
together with air completely cleaned of dust and other 
impurities. At the momenta particle of ionising radiation 
enters the apparatus, ions are produced. The pressure of 
gas inside is rapidly reduced and this causes the water or 
alcohol vapour to condense onto the ions. Photographs 
of the contents of the chamber show the white tracks of 
where the radiation has been. 

(e) The bubble chamber 

Cloud chambers are rarely used now. They have been 
replaced by bubble chambers. In a bubble chamber a 
liquid is momentarily raised to above its boiling point. If 
this is done sufficiently quickly, the liquid will not boil; it 
becomes superheated. However, if a particle passes 

through the superheated liquid, the extra energy it pro- 
vides causes the liquid to boil along the path of the 
particle, and tiny bubbles of gas are formed. Photographs 
of the bubbles show up the tracks of the particles. 

5.1 Before the dangers of radioactivity became 
known, the use of spinthariscopes could be rather 
dangerous. For instance, it was not unusual for the 
experimenter’s eyes literally to glow in the dark owing 
to the radiation passing through the apparatus. 

(i) What type of radiation would be the most likely to 
enter an experimenter’s eye using the arrangement 
shown in Figure 5.1? 

(ii) How would you change the apparatus to stop the 
radiation passing into the experimenter’s eye? 

5.2 Half-lives 

It did not take long to discover that the amount of radio- 
activity given off by a substance changed in time. With 
modern equipment it is easy to carry out an experiment 
to show this. We take a radioactive sample and place it in 
a lead box together with a Geiger counter. The output 
from the counter can be fed to a computer, which can be 
programmed to record the number of counts in a given 
time interval; for example, every minute or every hour. 
Table 5.1 shows a typical set of results for the decay of 
sodium-24, 7#Na. Ideally, the experiment would be 
repeated a number of times so that the average of a series 
of readings could be taken instead of relying on just one 
set of results. The figures in the table show that, even 
though the same mass of isotope is used in the two 
experiments, the count rates are different. This is to be 
expected because of the random nature of radioactive 
decay. 

Before the results can be used to give us information 
about the radiation given off from the {Na alone, we 
must make a correction to the figures. The correction is 
due to the presence of background radiation. This is radi- 
ation that is naturally present even in the absence of the 

Table 5.1. Specimen results for the radioactive 

decay of j{Na 

Experiment 1 Experiment 2 

Time/hours Number of Time/hours Number of 
counts/hour' counts/hour ! 

Start 1180 Start 1201 

10 Wop 10 755 

20 460 20 481 

30 282 30 303 

40 178 40 190 

50 128 50 129 

60 83 60 a> 
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Figure 5.3 An example of a radioactive decay curve. The 
count rate halves (approximately) every 15 hours 

radioactive sample. Background radiation comes from 
radioactive substances that may be present in the bricks 
or stones from which a building is made, from radioac- 
tive substances that may be present in the air, and from 
cosmic rays that are constantly bombarding the Earth 
from space. The background radiation count is not con- 
stant from one moment to the next; but over a period of 
some minutes the readings hover around an average 
value. Often the background count may be some tens of 
counts per minute. However, this value will change 
depending on where you carry out the experiment. If 
you were to set up your experiment over a deposit of 
uranium ores, you should not be surprised to get a very 
much higher background count. Similarly if there is a 
period of high sunspot activity the background count 
will increase because sunspots increase the number of 
cosmic rays. In processing the figures from Table 5.1, we 
shall assume that the count rates have been corrected for 
the background count. The results for the first experi- 
ment are shown on the graph in Figure 5.3. A graph of 
count rate plotted against time is called a decay curve. 

If you look carefully at the scales used you will see that 
from an initial rate of 1180 counts hour’, after 15 hours 
the rate drops to 580 counts hour” !. In another 15 hours 
the rate has dropped to 280 counts hour™!; and in 
another 15 hours it is 135 counts hour !. The key thing 
about these figures is that the count rate goes down by 
(approximately) one-half every 15 hours. (You should 
not expect the count rate to change by exactly half 
because radioactive decay is arandom process. However, 
the count rates will, on average, go down by one-half in 
15 hours.) We say that sodium-24 has a half-life of 15 
hours. 

Each radioactive isotope has its own characteristic 
half-life. A most important thing about a half-life is that 
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The half-life of a radioactive isotope is the © 
_ time it takes to lose half its radioactivity. —_ 

its value does not change with the amount of the isotope. For 
example, it does not matter if we have 1 g or 1000 g of 
sodium-24, its half-life will still be 15 hours. However, 
the count rate of the 1000 g will be very much greater 
than that of the 1g. 

Half-lives can range from fractions of a second to mil- 
lions of years. You will find some examples in Table 5.2. 

Plutonium-239 is one of the main isotopes produced 
in nuclear reactors. This isotope is an alpha-emitter. If 1 g 
of the isotope was formed in a nuclear reactor in 1990, 
then half of it would have decayed by emitting alpha- 
particles in 24 100 years. So, by the year 26090 there 
would be 0.5 g left, and this would still be emitting 
dangerous radiation. In another 24 100 years (i.e. in 
50190) there would be 0.25¢ left, still emitting radi- 
ation. This should give you some idea why such long- 
lived radioactive isotopes are so very dangerous. 

Table 5.2. Some radioactive isotopes and their 
half-lives 

Isotope Half-life 

2At 1.0 X10~*seconds 
*4Na 15.0 hours 
oT 8.04 days 
ache 44.6 days 
Co S27. years 
S2oRa 1.6 X10? years 
3¢ 5.7310* years 
22 2P Ul 2.41X10* years 
eau 7.04 10% years 
Be) 4.47X10° years 
222K 1.4 X10!° years 

5.2 Plot a decay curve for the second set of 
experimental results in Table 5.1. On the curve show 
how you would check that the half-life is about 15 
hours. 

5.3 If a proton changes into a neutron, a positron 
(,$e) is also emitted. 

(i) Write down a nuclear equation that shows this 
change. 

(ii) The isotope carbon-10 ('8C) decays by positron 
emission with a half-life of 19.2 s. What is the product 
of the decay? Write down the nuclear equation. 

(iii) If at time O the count rate was 1200 disintegra- 
tions s~', what would be the count rate after 96s? 
(Hint: how many half-lives is 96 s? What is the change 
in count rate every half-life?) 

(iv) Can you be precise about the final count rate? 



5.3 The radioactive decay law 

Mathematically, a radioactive decay curve is an 
exponential. We say that the count rate shows an 
exponential decrease. Every radioactive decay is gov- 
erned by the equation: 

N,= No X exp(—At) _ Radioactive decay law 

Or 

N= Noe! 

Here N, is the count at time t, and N, is the starting count 
(at time 0); A is a constant, called the decay constant, 
which is different for each radioactive nuclide. 

There is a connection between the decay constant and 
half-life. It is that 

0.693 
gee 7 half-life 

(You will find this derived in panel 5.1.) 
For example, for 7{Na, t,,.=0.693/(15 hour), i.e. 

t1/2 = 0.046 hour’. Notice the units of the decay con- 
stant. They always have the dimensions of time’, e.g. 
be min-*, hour‘; year’. 

Panel 5.1 

_ Let us write the half-life as t,,,. At t;,. we must have 
N,= No/2, so 

y= exp( —hy 2) 

| If we ta v 
inverse o ies an exponential) of each side, we 
have . 

ia or 0.6 =e, 

| Hence — 

| half-lite=°-$?? 

5.4 Write a computer program that will plot a decay 
curve for cobalt-60 (see Table 5.2). Also, calculate 
the value of the decay constant. 

5.5 A student showed the following set of figures to 
a friend. 

6410 4870 3545 2492 1610 887 415 
0 100 200 300 400 500 600 

The student claimed that the top row was a list of 
counts from the radioactive decay of a single nuclide, 
and that the second row showed the times (in 
seconds) at which the counts were taken. Plot a 
graph of the figures and decide whether they did cor- 
respond to a radioactive decay. (Hint: look for a con- 
stant half-life.) 

5.4 Decay schemes 

For the most part we can concentrate on the two most 
important ways in which isotopes undergo radioactive 
decay. These are by alpha emission and by beta emission. 

(a) Alpha decay 

Uranium-238 (738U) decays by emitting alpha-particles. 
You may remember that an alpha-particle is a bundle of 
two protons together with two neutrons, so a uranium- 
238 atom must lose these four particles from its nucleus. 
When this happens the atom loses four mass units. At 
the same time its atomic number goes down by two. 
Therefore a new element must be formed, rather than a 
new isotope of uranium. By looking at a Periodic Table 
you will find that the element with atomic number 90 is 
thorium. The mass number of the isotope of thorium 
must be four less than that of the uranium-238, i.e. 234. 
Therefore we find that the product of the alpha decay of 
uranium-238 is thorium-234. The whole affair can be 
summarised in an equation: 

238U — 736Th + $He or 733U> 736 Th+a 

This type of pattern is repeated for any isotope that 
decays by alpha emission. The new isotope (or daughter 
element) will have an atomic number two less than its 
parent. The daughter will therefore lie two places to the 
left of the parent in the Periodic Table. Also, the daughter 
will have a mass number four less than the parent. 

(b) Beta decay 

Some radioactive isotopes decay by emitting beta- 
particles (electrons). This comes about through the 
change of a neutron into a proton and an electron. (Such 
changes also occur when neutrons are knocked out of 
the nucleus of an atom and left to roam around freely. 
Some of them decay spontaneously into a proton and an 
electron. The half-life is about 10.6 minutes). We can 
represent this decay in an equation: 

n—>p+e~ 

However, in order to keep track of changes in mass and 
atomic number, it is better to write the neutron, proton 
and electron like this: 

on—> jp +_je 
(The subscripts represent the atomic numbers (charges) 

and the superscripts the mass numbers.) 
You should see that, if a beta-particle is emitted by a 

nucleus, there will be one more proton in the nucleus. 
This means that the atomic number increases by one 
and a new element is formed. This element will lie one 
place to the right of the parent element in the Periodic 
Table. However there is no change in the mass number 
because a neutron is simply replaced by a proton. 

An example is lead-214 changing into bismuth-214: 

2Pb—743Bi + _%e 

(As a check on a nuclear equation like this, make sure 
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Figure 5.4 The uranium-235 decay scheme. It ends at *33Pb, 
which is stable 

that the total of the atomic numbers on the left-hand side 
of an equation equals the total on the right-hand side. 
Similarly, the mass numbers must agree.) 
We could go on to write down a great many such 

equations, but it is much easier to summarise a series of 
radioactive decays on a diagram. Figures 5.4 and 5.5 
show the decay schemes that start with uranium-235 
and uranium-238. Notice that the scales on the diagrams 
show atomic number horizontally and mass number 
vertically. You should be able to work out why an arrow 
pointing diagonally downwards to the left represents 
alpha decay, while beta decay moves horizontally by one 
unit to the right. 
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Figure 5.5 The uranium-238 decay scheme. It ends at °38Pb, 
which is stable 

5.6 What are the products of the following changes: 
alpha decay of (i) 23Mg, (ii) Be; beta decay of (iii) "$C, 
(iv) $4Si? 

5.7 Complete the following nuclear equations: 

(i) 11B+?— $Be + 3He 

(ii) 289Pu + ZHe— 244Cm + ? 

(iii) (Be + p>?+4He 

(iv) Cu + ip—>2{Na+ ?+ n 
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Answers 

5.1 (i) Gamma — the most penetrating. 

(ii) One way would be to place a mirror at 45 degrees to 
the zinc sulphide screen. Light, but not radiation, would 
reflect off the mirror into the observer’s eye. 

5.2 The graph is shown in Figure 5.6. 

Counts per hour 

50 

Time/hours 

Figure 5.6 Graph of results for question 5.2. There is a 
constant half-life of 15 hours 

5.3 (i) jp—dn+ Se 

(ii) Because a proton changes into a neutron, the atomic 
number decreases by one although the mass number 
stays the same. The new element produced is one place 
before carbon in the Periodic Table: boron. 
10C > 19B + , %e 

(iii) Each half-life, the count rate decreases by one-half. 
96s is 5x 19.25, i.e. five half-lives. We can draw up a 
table like this: 

Time 0 1 2 345 

Count rate 1200 600 300 150 7537 

/disintegrations s~' 

(iv) No. It should be around 37 or 38, but this is not 
certain because of the random nature of the decay. 

5.4 Your program will depend on the kind of computer 
you use. Consult a computer specialist if you need help. 

5.5 The graph is shown in Figure 5.7. This is a smooth 
curve, but it does not show a constant half-life, so it 
cannot be the results for a radioactive decay. If you take 
from the graph the times for ‘counts’ of 6000, 3000 and 
1500 you will find that the time intervals between them 
are (approximately) 220s and 165s. This is far too great 
a difference to be counted as constant. 

Time/s 

Figure 5.7 Graph of results for question 5.5 

(iii) ‘ZN; 

(iii) SLi; 
(iv) $sP. 

(iv) 33K. 

5.6 (i) 22Ne; (ii) 4He: 

5.7 (i) 1p; (ii) 2x gn; 

UNIT 5 SUMMARY 

Radiation is detected by a Geiger (or Geiger—Miiller) 

counter. 
Isotopes of some elements are radioactive. 
Radioactive decay is an exponential process with a 

characteristic half-life, t,/. 
The half-life of a radioactive isotope is the time it 

takes to lose half its radioactivity. 
The decay law is N,= Noexp(—At), where N, is the 

count at time f, Np is the starting count and / is the 

decay constant. 
e@ Half-life, t,,.=0.693/K. 
@ The half-life is independent of the amount of the 

isotope. 
e@ Alpha decay of an isotope gives a product two places 

to the left in the Periodic Table. 

@ Beta decay of an isotope gives a product one place to 
the right in the Periodic Table. 
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Nuclear energy 

6.1 Discovery of nuclear energy 

In the early days of the investigation of radioactivity 
many radioactive materials were found to give off heat. 
At the time this was very hard to explain. The energy 
that was being released seemed to come from nowhere; 
but this was, of course, known to be impossible. The first 
measurement of the amount of heat energy generated by 
a radioactive substance was performed by Pierre Curie in 
March 1903, and showed that 1 g of radium produced 
about 450 J every hour. It did not take long for people to 
realise that substances like radium had the potential of 
being an (almost) free and inexhaustible source of 
energy. Indeed, it was possible to imagine what would 
happen if this energy could be given out in a quick burst, 
rather than over a long time span. An American 
newspaper carried the following report in October 1903: 

A grain of the most wonderful and mysterious metal 
in the world to be shown in St. Louis in 1904 

Its power will be inconceivable. By means of the metal all 
the arsenals in the world might be destroyed. It could 
make war impossible by exhausting all the accumulated 
explosives in the world. ... It is even possible that an 
instrument might be invented which at the touch of a key 
would blow up the whole earth and bring about the end 
of the world. 

6.2 Fission reactions 

The nuclei of some heavy elements break up spon- 
taneously and produce two lighter nuclei, often with the 
emission of protons or neutrons. This behaviour is called 
spontaneous fission. Also, a great deal of energy can be 
released. However, to produce enough energy to be use- 
ful (for fair means or foul) the fission reaction must not 
have too long a half-life. For example, a large amount of 
energy is produced when ***U decays spontaneously to 
give isotopes of barium and krypton. This has a rather 
long half-life of around 10'° years, so the energy is 
released over too long a time span to be of any use. Faced 
with a problem like this, the thing to do is to try to induce 
fission, i.e. make it occur rather than wait for it to hap- 
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pen. One way of doing this is to fire neutrons at a heavy 
nucleus and hope that the collision will break it up. 

An important example of this is the following 
reaction: 

gn + 233097380 
236 —> 14) Ra + 32Kr + 34n + energy 

The first step is the formation of 73$U by the capture of a 
neutron, which is immediately followed by fission. 73U 
is said to be a fissile isotope (or nuclide). In this case three 
neutrons are ejected together with a good deal of energy. 
We can calculate how much energy is released if we 
know the mass excess (or defect) of each particle (Table 

6.1). 
The energy change will be the difference between the 

mass excesses of the products and those of the reactants. 
Here the reaction we are interested in is the second one, 
i.e. the fission of 739U. We have 

mass excess of reactants 

= 44.79 MeV 

mass excess of products 
= — 79.98 — 69.15 +3 X 8.071 = — 124.917 MeV 

Figure 6.1 shows that the change in mass excess is 
169.707 MeV. Because 1 MeV = 1.602 X 107" J, we find 
that the energy released is 2.719 X 107"! J. 

This may not seem an awful lot of energy; but remem- 
ber, it is for one atom only. If we had 236g of *s$U 
(1 mol) we would have 6.02 x 10** times more energy 
released, i.e. about 1.6X10'*?J, or 16000GJ. (One 

Table 6.1. Mass defects and excesses for the 

induced fission of 733U 

Particle Mass excess or 
mass defect/ MeV 

on 8.071 

225 40.916 
ou) 44.79 
141Bq —79.98 
32Kr = O9mlD 



Mass 
excess/MeV 

236 
g2U 

44.79 

169.707 

—124.917 

Figure 6.1 Energy level diagram for the fission of 738U 

gigajoule, 1 GJ, is 10°J.) Typically, 1 tonne of coal can 
yield 25 GJ, and one tonne of oil 40 GJ. You can see why 
it has been so tempting to use fission reactions to prod- 
uce energy, for example in a power station in order to 
generate electricity. Also, we know that the fossil fuels, 
coal and oil, will be used up sometime in the future; but 
atoms will always be with us. Harnessing the energy 
from nuclear reactions appears to give a way of produc- 
ing energy for ever. 

6.3 Nuclear power 

There are huge technical problems to be overcome in 
order to design and make a power station that converts 
nuclear energy into electricity. There are so many factors 
that we can only consider a few of the most important 

ones here. 

(a) The fuel 

An essential requirement is to have a reaction that keeps 
itself going — a chain reaction. There must be a source of 
neutrons, which can bombard other nuclei and cause 
them to undergo fission. For a chain reaction to take 
place, the fission reaction must give out at least one new 
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Figure 6.2 The decay of a *83U nucleus produces two 
neutrons. Each of these may go on to cause further nuclear 
reactions in neighbouring nuclides. A cascade effect is pro- 
duced with a vast number of reactions taking place in a very 
short time. A great deal of energy is released in a short time 

neutron that, in its turn, can cause another atom to split 

apart. When some isotopes undergo fission they can 
release two (or more) neutrons. Given a suitable mix of 

nuclides, one of the neutrons can cause fission of 
another nucleus; the other can be captured to produce a 
new fissile nuclide (Figure 6.2). Thus the loss of one 
fissile nuclide breeds another. In effect the reactor makes 
its own fuel. Such a reactor is called a breeder. If the 
reactions in the breeder make use of very energetic 
neutrons, the reactor is called a fast breeder. A typical 

reactor may have a mix of uranium and plutonium 
isotopes, 733U, 723U and 737Pu, in the form of oxides, UO, 
and PuO,. Owing to its excellent ability to take part in 
nuclear reactions, plutonium makes an ideal fuel in a 
reactor. The uranium cannot be used directly out of the 
ground. It has to be put through a long process of 
refining, with the aim of removing impurities and 
increasing the proportion of uranium-235 until it 
reaches around 3%. (Its abundance in natural deposits of 
uranium ores is only about 0.7%.) This process is diffi- 
cult and costly. 

(b) Reactor design 

The fuel is often in the form of small pellets, around 1 cm 
in diameter and a few centimetres long. They are packed 
into metal cylinders made of stainless steel, or an alloy 
that is strong and very resistant to corrosion. The fuel 
rods made in this way are lowered into the reactor core. 
Here, as well as the fuel rods, are to be found control 
rods containing nuclides that are able to absorb 
neutrons. The more control rods in the core, the more 
neutrons are absorbed, so there are fewer available to 
cause fission. In this way the amount of energy released 
can be controlled. The material used in the control rods 
is called the moderator (Figure 6.3). Boron and beryl- 
lium have often been used as moderators. The fuel rods 
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Figure 6.3 (a) The arrangement of moderator, control rods 
and fuel elements in a reactor that converts water into steam. 
(b) A pressurised water reactor (PWR). (Taken from Hunt, S. 
E. (1987). Nuclear Physics for Engineers and Scientists, Ellis 
Horwood, Chichester, figures 14.8 and 14.5) 

and control rods can be lowered into the core where they 
are surrounded by another moderating material, often 
graphite. 

The core must be cooled and the heat transferred to 
boilers, which heat water to raise steam. The steam is 
used to drive generators to produce electricity. The most 
widely used methods of cooling have used liquid 
sodium, carbon dioxide gas under high pressure 
(advanced gas cooled reactors, AGRs), or water under 
high pressure (pressurised water reactors, PWRs). Each 
design has its own problems, and advantages, over 

others. 

(c) Reactor safety 

If the core of a reactor is not cooled, the rate at which 
energy is released means that it can quickly become so 
hot that the metal cladding on the fuel and moderator 
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rods begins to melt. Similarly, the tubes containing the 
coolant can melt or fracture. The graphite in the core can 
burn. However, it is not possible to put a reactor fire out 
in the same way as a normal fire. If, for example, water 
reaches the core the temperature is so high that it will 
decompose and release hydrogen. If the hydrogen mixes 
with sufficient air or oxygen, it will explode. The result is 
that the highly radioactive products in the reactor can be 
released into the atmosphere. This is what happened in 
the disastrous accident at Chernobyl in the USSR in 
1986. The effects of that explosion were felt over hun- 
dreds of thousands of square miles of Europe as well as 
in Russia. It is expected that many thousands of people 
in Russia, and further afield, will die from cancers caused 
by the radiation. However, owing to the time it takes for 
the cancers to develop, the extent of the problem will not 
be known for many years. Much of the radioactivity was 
brought to earth by rain. Many areas still have suffi- 
ciently high levels of radiation to prevent animals graz- 
ing on the land being sold for meat. The radioactivity on 
the grass they eat can remain in their bodies, and would 
then be passed on to the person eating the meat. 

The accident at Chernobyl was caused by human 
error. The operators of the plant did not obey the safety 
regulations and the automatic safety devices were not 
good enough to prevent the disaster. However, even 
where the safety devices are very good, the unexpected 
can still happen. In 1979 at Three Mile Island, Penn- 
sylvania, USA, a reactor developed a fault. The fault was 

EN 

In May 1986, West German cars returning from Poland were 

checked for radioactive contamination caused by the 
Chernobyl explosion. 



rather unusual and the operators of the plant became 
confused as to its cause. The automatic safety devices 
began to shut down the reactor properly. However, once 
again human error came into play. The operators over- 
ruled the safety cut-outs. As a consequence the core 
came perilously close to the point known as melt-down. 
This is when the core becomes so hot that it is impossible 
to cool it down. It then reaches such a high temperature 
that it melts its way through the core chamber, and then 
goes on down through the ground. Just when and where 
it would stop is not entirely clear. What is certain is that 
the level of radioactivity released into the atmosphere 
would make the Chernobyl accident look insignificant 
by comparison. 

A major nuclear accident has also occurred in Great 
Britain. On 8 October 1957 a fire developed in the core 
of the nuclear plant at Windscale (now renamed Sella- 
field) on the west coast of Britain. The fire was not large, 
but it took three or four days to bring it under control. 
The reactor in use at that time could release into the 
atmosphere gases used for cooling the core. The radioac- 
tive gases spread over large areas of Britain, Ireland and 
France. Especially, in Britain radioactive iodine was a 
great cause of concern. This could get into the food chain 
by being absorbed by cows eating contaminated grass. 
The milk they gave became rich in the iodine and could 
be passed on to humans, especially children. Tens of 
thousands of gallons of milk produced in an area of some 
hundreds of square miles around Windscale had to be 
thrown away. It is important to remember that this,did 
not remove the radioactivity. It simply put it into the 
sewerage system, and eventually into rivers and the sea. 
The number of deaths that may have been caused by the 
radiation leak is not known. All we can be sure of is that 
there are bound to be some. 

(d) Disposal of radioactive waste 

In time, the mix of nuclides in the fuel rods changes to 
such an extent that the efficiency of the reactions 
decreases. The rods are then withdrawn from the reactor 
and sent for reprocessing. On emerging, the rods are 
highly radioactive. They are placed in tanks of water to 
allow them to lose some of the short-lived radioactivity. 
The rods contain much of the original radioactive 
nuclides and large numbers of new ones. The activity of 
the mixture is such that it will remain active for over ten 
million years. (It may, or may not, be a comfort to know 
that there is a large reduction after a thousand years 
though.) Some of the products are valuable, especially 
the plutonium produced. 

Elaborate chemical methods have been developed to 
separate the wanted isotopes from the unwanted. This of 
course does not solve the problem over what to do with 
the highly active products. A variety of measures have 
been used and suggested. The two main options are to 

store them in tanks above ground or in deep mines 

under land or sea. No choice is perfect. There is always 

the danger that land masses may move and the radioac- 

tive material might be released, e.g. in an earthquake. 

Given the thousands of years for which storage might be 

Spent Magnox Fuel is being stripped of its outer covering 
using a highly automated process at Sellafield. 

needed, there is also the problem of material being 
leached out by water. 

6.1 In the example of uranium-236 fission in section 
6.2 we found that 236g of the isotope could provide 
about 1.6 x 10'°J of heat energy. Because one joule 
per second (1Js~') is the same as one watt (1 W), if 
the 236g suffered fission in one second, the power 
output would be about 1.6 x 10'° W. 

What would be the power output if 1 g of the isotope 
were ‘used up’ in one day? Give your answer to the 
nearest megawatt (1 MW=10° W). 

6.2 Power stations are about 30% efficient. That is, 
they only convert about 30% of heat energy to electri- 
cal energy. Suppose a nuclear power station uses 
fuel that generates electrical power at the rate of 
1MW g™t. 

(i) What would be the thermal power generated? 

(ii) How many grams of fuel would have to undergo 
fission each day? 

6.3 Assuming that one tonne of coal can release 
25 GJ, how many tonnes of coal would have to be 
burnt every day in order to generate a constant 
1000 MW of electrical power? (As before, assume the 
efficiency to be 30%.) 

6.4 Fusion reactions 

_ Up to now we have concentrated on the energy released 
when nuclei split apart. However, energy can also be 
released if certain nuclei join together. An important 
example is the following: 

7H + }H—4He + $n 
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Scientists in the United States 
will announce today what they 
maintain is a breakthrough in 
the quest for an endless source 
of cheap power. 

Professor Martin Fleisch- 
mann, of Southampton Uni- 
versity, and Professor Stanley 
Pons, working at the Univer- 
sity of Utah, Salt Lake City, 
claim to have found a radical 
way of achieving controllable 
nuclear fusion reactions. 

Such reactions, which have 

Scientists pursue endless power source 
By Robert Matthews, Technology Correspondent 

sustained the sun for billions 
of years, have long been scen 
as a potential source of virtu- 
ally limitless heat and power. 

International teams of sci- 
entists in Britain, the US, 
Russia and Japan have so far 
not succeeded in achieving the 
right conditions to trigger the 
reactions on Earth. 

Professor Fleischmann 
called his discovery ;'a shot in 
the dark”. He said: “We 
thought it was a chance in a 

billion that 1t would work”. 
The professor said the re- 

search had achieved “‘a fairly 
sizeable release of energy”. 

The new research has con- 
centrated on ways of starting 
the fusion reactions in a small 
reactor vessel usyng an isotope 
of hydrogen derived from, sea- 
water, known as deuterium. 

A number of researchers, 
including a team at Imperial 
College, London, have in- 
vestigated the possibility of 

using such concentrated con- 
ditions as a way of overcom- 
ing the problems of using the 
giant fusion machines con- 
;venuionally used for nuclear 
fusion experiments. 

However, the University of 
Utah team appears to have got 
closer to extracting usable 
energy from its machine, using 
clectro-chemical techniques, 
than any other. The claims are 
being*treated with caution in 
Britain. 

This extract from The Times on 23 March 1989 illustrates the wide interest in the claims for ‘cold fusion’. 

This reaction is accompanied by the production of nearly 
3x 10°'? J, or about 180 GJ per mole of helium formed. 
The reason why fusion reactions have not been used in 
commercial power stations is that it is extremely difficult 
to control the reactions. The reacting particles (in the 
form of gaseous ions) have to be accelerated to high 
energies before the collisions are successful. Then the 
energy released brings with it a huge increase in 
temperature, perhaps as high as a hundred million 
degrees Celsius. The result is that the mixture of particles 
forms a plasma. The control of a plasma is no easy matter, 
but the main method is to trap it in a magnetic field. 
Making an apparatus that produces a field of sufficient 
strength and accuracy is difficult. As yet plasmas have 
only been trapped for relatively short times; certainly not 
for the days, weeks, or months that are necessary in a 
power station. 

In April 1989 claims were made in America that 
fusion could take place on a test tube scale using an 
electrochemical method. At the time this caused great 
excitement, as it seemed to provide a basis for harnessing 
almost limitless amounts of energy. However, many 
careful experiments performed in laboratories in many 
countries have failed to reproduce the results. It seems 
that the American experiments were faulty. 

Fusion reactions are the driving force behind the 
huge amounts of energy released by stars, such as our 
Sun. The Sun is a hydrogen burning star. It relies on 
fusion to combine two hydrogen atoms, !H, into a com- 
bination of one proton and one neutron, ?H: 

H+ 1H ?H+ ,2e 

Energy is also released. The interesting thing about a 
reaction like this is that it can be the first step on a long 
chain of reactions that result in the production of new 
elements. That is, nuclear reactions involving the sim- 
plest of particles are responsible for the genesis of the 
elements out of which the Universe is made. 

The following are three of the reactions that take 
place: 
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7H + |H— 3He 

3He + 3He— 4He + 2!H 

3He + 4He— 7Be 

It is widely believed that the Universe began with a 
‘big bang’ some twenty thousand million years ago. The 
chain of fusion reactions that started then are still going 
on in stars. 

6.4 Suppose a carbon-12 atom is formed in a star. 
Which fusion reaction would convert it into an atom of 
nitrogen-13? 

6.5 Nuclear weapons 

Thus far it might seem that fission reactions were investi- 
gated because of the interest in generating electricity. 
However, this does not match with what actually hap- 
pened. Many of the most important discoveries about 
the production of energy by fission reactions were made 
during the Second World War (1939-1945). It was 
realised that, as forecast in 1904 (see section 6.1), it 
should be possible to release the huge amounts of energy 
in a very short time, i.e. in an explosion. The early 
nuclear reactors were built with one main purpose: to 
discover enough about fission reactions to see if it was 
possible to build a nuclear bomb (Figure 6.4). As we 
now know the research was successful. The basic prob- 
lem is to cause a fission chain reaction to take place very 
rapidly. This is done by bringing the bomb material 
together to form a critical mass. The critical mass is large 
enough to ensure that the majority of the neutrons being 
emitted do not escape but bring about further fissions. 
For obvious reasons the nuclear material must be kept 
below the critical mass until the moment when the 
explosion is required. A small (conventional) explosion 
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the inner ring of uranium into the 
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Central mass of uranium 
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Figure 6.4 Two ways of making a nuclear bomb. In both 
cases the aim is to bring two pieces of uranium together to 
make a critical mass. In practice this is no easy matter. Also, 

not all nuclear weapons use uranium-235 as their active 

ingredient 

is used to bring the separate pieces of the nuclear 
material together. Fortunately this is not at all easy to do, 
so the chances of someone building a bomb ‘in their 
back yard’ is not very high. 

Plutonium is highly regarded as a reactor fuel. It is 
even more highly thought of as a nuclear bomb material. 
Many nuclear power stations have not been built just to 
produce electricity. They have been used to generate 

plutonium (in the reactor core) for use in nuclear 

weapons. 
Knowledge can be put to good or evil purposes. When 

the first atomic bomb was dropped on Japan thousands 
of people were killed, and many doomed to die through 
illnesses brought on by radiation. On the other hand, it 
could be that the early end to the war with Japan saved 
the lives of even more thousands of people. It would be a 
mistake to imagine that all would be well if nuclear 
weapons had not been invented. This would be to forget 
that tens of millions of people died in the Second World 
War; many in battle, but probably more in the con- 
centration camps and from starvation and disease. 
However, the possibilities for the destruction of the Earth 
are infinitely greater because of the presence of nuclear 
weapons. 

It is possible that everyone can agree that all nations 
should ban nuclear weapons. What is more uncertain is 
whether nuclear reactors should be used to generate 
electricity. Already there have been a number of very 
bad accidents in nuclear power stations, and a much 
larger number of smaller accidents. It remains debatable 
whether it really is cheaper to produce electricity by 
nuclear reactions. As we mentioned above, it is not 
unknown for ‘power stations’ to be in operation because 
of the plutonium they produce as much as for the 
electricity. 

Critics of the nuclear industry point out that by com- 
parison only tiny amounts of research have been done 
on using solar, wave and wind power to generate elec- 
tricity. Similarly there is no obvious answer to the prob- 
lem of nuclear waste disposal. 

This bleak scene shows the absolute devastation brought about by the nuclear explosion at Hiroshima. 
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It is important. that you consider the evidence and 
make up your own mind as to which direction the future 
should take. 

Chemists have played a large part in bringing both 
nuclear power stations and nuclear weapons into being. 
You may be going on to study chemistry further, or you 

Answers 

6.1 The power generated is 1.6x10'J/ 
(236 g x 24 x 60 x 60s) = 7.8 x 10°W, which rounds up 
to 1 MW. 

6.2 (i) Thermal power =3 MW. (ii) 3g of fuel per day. 

6.3 If 25 GJ (i.e. 25 000 MJ) were released in 1s, the 

power would be 25 000 MW; so to produce 3 MW would 
need 0.12 tonnes of coal. However, if the power is 

may study another branch of science. Either way, it is 
wise to remember that the most harmless looking dis- 
covery (like that of Becquerel) can have repercussions 
that require you to make ethical or moral decisions. You 
will not find help with such decisions by looking in 
science books alone. 

needed at this level for the whole of one day, we would 
need 0.12 x 24 x 60 x 60 tonnes = 10 368 tonnes. The 
problems connected with burning this amount of coal are 
huge. For example, consider the amount of waste gases 
to be discharged into the atmosphere, and the problem 
of disposal of the ash. . 

6.4 '2C+!H—>'4N 

UNIT 6 SUMMARY 
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® Fusion reactions: 

(i) Take place when two or more nuclides join to 
make. a new nuclide. 

(ii) Take place in stars and are responsible for 
generating new elements from hydrogen and 
helium. 

® Fission reactions: 

(i) Occur when a nucleus breaks apart, producing 
new nuclides. 

(ii) Are used in nuclear reactors. The release of 
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energy from chain reactions is controlled so 
that it takes place gradually over a relatively 
long period of time. A moderator around the 
fuel rods, and the withdrawal of fuel rods from 
the reactor, are used to control the reaction. 

@ In nuclear weapons the chain reaction is un- 
controlled, causing an explosion. Fissile material is 
brought together to form a critical mass, and the 
energy is released in a short but devastating burst. 



Applications of radioactivity 

7.1 Industrial uses of radioactivity 

We have spent some time in discovering how the energy 
generated by nuclear reactions can be used to produce 
electricity. In this unit we shall take a brief look at some 
other uses of isotopes and the radioactivity that many of 
them give off. 

(a) Detection of metal fatigue 

The first passenger jet aircraft to enter service was the 
Comet in 1952. At the time this aircraft was very 
advanced; but it had the unfortunate habit of falling out 
of the sky for no apparent reason. After several such 
accidents the cause was traced to fatigue in metal sur- 
rounding the windows. Metal fatigue can be hard to 
spot; but checks for it are now made regularly on air- 
craft. One way in which this is done is to use gamma- 

rays from cobalt-60. Where fatigue sets in, the structure 
of the metal crystals changes. Gamma-rays do not pass 
equally well through both the good and bad areas. If the 
gamma-rays fall on a photographic film after passing 
through the metal, any differences in structure show up. 
A similar technique can make use of neutrons rather 
than gamma-rays. Tests for fatigue are essential in 
checking nuclear power stations. 

(b) Food preservation 

Gammaz-rays are especially good at passing through mat- 
ter. They are also very energetic. Recently these two 
properties of gamma-rays have been used in food 
preservation. If foodstuffs are irradiated by a beam of 
gamma-rays, bacteria that may be present are killed. 
Without the bacteria present the food will not ‘go off’ for 
a very long time, especially if it is stored in air-tight 

SUDAN AIRWAYS 

Many think that the ill-fated Comet was the most elegant of all passenger jet airliners. 
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The large number of sensors on the wing of this aircraft indi- 
cate the importance now given to detecting metal fatigue. 

containers. However, there has been a lot of concern 
about this use of gamma-rays. Many people are worried 
in case the food itself is changed by the gamma-rays and 
that it may be dangerous to eat. 

7.2 Medical uses of radioactivity 

The first use of radioactivity in medicine was the use of 
radium in the treatment of cancers. The methods used 
have become much more sophisticated since Marie Curie 
founded the Radium Institute in Paris. However, the 
basic idea remains the same. Radiation is focused on the 
growth or tumour, and the energy that the particles carry 
is used to disrupt the malignant cells. For example, 
sources of fast neutrons have been found to be very 
successful in treating cancers of the throat. However, it is 
vital that the radiation treatment is carried out with care. 
Healthy tissue is just as liable to damage as that of the 
growth. 

Another technique is to use isotopes as a way of study- 
ing the chemical reactions that take place in the body. 
For example, iodine is an essential element for health. 
Normally it collects in the thyroid gland in the neck. A 
person suffering from a deficiency of iodine is liable to 
suffer from a huge growth in the neck. By feeding 
patients with radioactive iodine-131, it is possible to dis- 
cover where the iodine collects in the body, or if it is not 
absorbed at all. In a direct way the presence of iodine- 
131 in the thyroid gland can be detected by a Geiger 
counter. Methods like this rely on the fact that isotopes 
of the same element have the same chemical properties; 
so iodine-131 will behave in exactly the same way as the 
non-radioactive iodine-127. 
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This cancer patient has had her chances of survival much 
increased by radio-treatment. 

7.3 Radiocarbon dating 

(a) Method 

There is a great deal of carbon-12 in the world. It is to be 
found in all living things, tied up in organic compounds, 
and in the atmosphere as carbon dioxide. The energy 
coming to Earth as cosmic rays can cause carbon-14 
atoms to be produced. The cosmic rays cause nuclear 
reactions to take place in the atmosphere. Some of these 
result in neutrons being emitted. If a neutron of the right 
range of energy collides with a nitrogen- 14 atom, a reac- 
tion takes place: 

14N +n 4C + 1H 
The half-life of the carbon-14 formed is 5730 years. 

Now, let us assume that the Earth is bombarded at a 
constant rate with cosmic rays. In this case, the rate of 
production of carbon-14 should be constant, and the 
ratio of carbon-12 to carbon-14 atoms should also be 
constant. The carbon-14 will wander round the atmo- 
sphere taking part in the same reactions as does carbon- | 
12. Therefore, carbon-14 will turn up in living material 
such as trees, plants and humans. However, when the 
living material dies the reactions stop and no more 
carbon-12 or carbon-14 will be taken up (Figure 7.1). 
Now the proportion of carbon-14 in the dead material 



26 from '2CO> "kc from '$CO, 
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Figure 7.1 Illustration of the principle of radiocarbon dating. 
The ratios of '2C to 'éC are only for illustration. Real values are 
very different 

starts to decrease. This is because of the decay of the 
carbon- 14: 

4C—> YN+_ie 

If we measure the relative proportions of '2C and '3C, 
the smaller the amount of '2C, the longer ago did the 
uptake of the isotope stop. As a result we can use the 
proportion of !4C as a measure of the age of the sample. 
This is the basis of radiocarbon dating. 

The accuracy of carbon dating is upset by several fac- 
tors. For one thing, cosmic ray activity is not constant 
and is known to vary considerably over periods of many 
thousands of years. In this century two other factors 
have to be taken into account as well. When fossil fuels 
such as coal and oil are burnt in large quantities, the 
carbon- 14 they contain is liberated into the atmosphere. 

Also, the large number of nuclear bomb tests that were 
carried out in the 1950s and 1960s released a great deal 
of radiation into the atmosphere. This has also increased 
the amount of carbon-14 in the atmosphere. 

(b) The age of the Earth 

When uranium decays, helium gas is given off, and 
finally lead is formed. For every uranium-238 atom that 
decays, one atom of lead-206 is produced at the end of 
the decay chain. Along the way eight alpha-particles, i.e. 
helium atoms, are released. Also, we know the half-lives 

of all the isotopes in the decay series of uranium-238. 
This means that, if we are able to count the number of 
lead or helium atoms in a sample of uranium, we should 
be able to calculate how long the uranium has been 
decaying. Needless to say, there are many difficulties in 
performing the calculation. For one thing we must be 

sure that the lead or helium has not arrived by some 
other means, for example as the product of other decay 
schemes. 

Rocks can also be dated by comparing the amounts of 
various other isotopes such as lead-206 and lead-204, 
potassium-40 and argon-40, rubidium-87 and stron- 
tium-87. Using isotope dating methods, the oldest rocks 
on Earth appear to be about 3.7 X 10° years old. There- 
fore we can say that the Earth is at least this old, because 
the isotope method can only work from the time that the 
rocks had solidified. For example, any helium formed 
while the rocks were still liquid would have boiled off. 
By comparison, rocks from the Moon and meteorites 
appear to be around 4.6 X 10? years old. The absence of 
ages greater than this suggests that the Universe itself 
was formed no more than 5 X 10? years ago. 

7.1 Two other methods of isotope dating rely on the 
conversions of {8K to {8Ar and 87Rb to Sr. What are 
the nuclear equations for the conversions? 

7.2 It has been estimated that the carbon-14 in the 
atmosphere is responsible for producing 60 atoms of 
nitrogen-14 and 60 electrons every hour for each 
gram of carbon. We can quote this disintegration rate 
as 60 counts hour"! g~'. A sample of a sea shell 
found near a sea shore was found to have a count of 
4 counts hour~' g~'. Estimate the age of the shell. 
(The half-life of '8C is 5730 years.) 

7.4 Chemical applications 

Isotopes can be of great use in chemical research. Often 
they are used in tracer experiments; that is, where the use 
of an isotope can help to trace the course of a reaction. 
For example, lead(m) chloride, PbCl,, is highly insoluble 
in water whereas lead(t) nitrate, Pb(NO;),, is easily 
soluble in water. Naturally occurring lead is a mixture of 
206Pb, 2°7Pb and 7°8Pb, none of which are radioactive. 
However, 7!?Pb is radioactive, being a beta-emitter with 
a half-life of around 11 hours. Suppose the PbCl, is 
prepared from 7!Pb. The PbCl, has been Jabelled, and we 
can show the labelled lead in a formula by using a star, 
like this: *PbCl,. Now, imagine that *PbCl, is added to a 
solution of Pb(NO,),, left for some hours, and then the 
solution separated from the solid (Figure 7.2). The solu- 
tion can be crystallised, and the lead(m) nitrate collected. 
When this is done, it is found that the crystals are radio- 
active. That is, some of the nitrate is in the form of 
*Pb(NO,),. This result is best explained by realising that 
an ‘insoluble’ substance is not 100% insoluble. Some of 
the labelled lead ions must have escaped from the *PbCl, 

_ crystals and dissolved in the water. There they became 

mixed with the ordinary isotopes of lead. When the solu- 

tion was separated, some of the radioactive lead was left 

in the solution, and some of the non-radioactive lead 

found its way into the lead(m) chloride. That is, an 

exchange reaction had taken place. 
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Solution of unlabelled 
Pb(NO3)o 

*PbClo 
i.e. labelled lead (11) chloride 

@=*Pbp** = =0=Ppb** 

7.3. Water, which normally contains oxygen-16, can 
be labelled with oxygen-18. We can show the labelled 
water as H,*O. Certain types of organic compounds 
called esters have the arrangement of atoms and 
bonds shown below: 

Answers 

7.1 78K+_%e—#8Ar, i.e. electron capture; §3Rb— 
gor + _9e, i.e. beta (electron) decay. 

7.2 Every 5730 years the count rate would have 
halved. 

Count rate/counts 
hour! g"! GOR 2 SO man Omer ons) 

Number of half-lives 0 1 2 6) 4 
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Some time 

later 

Solid and solution contain 

both labelled and unlabelled 

Pb*~ ions 

Figure 7.2 Illustration of exchange of labelled Pb** ions between solid PbCl, and Pb(NO3)2 solution. (The chloride ions are not 
shown) 

R and R’ are groups of atoms, the details of which are 
not important here. 
When the ester is heated with water containing 

H,*O, two new compounds are formed: 

i 
R—¢—*OH) + ROH 

Both hydrogen atoms come from the water, as does 
one of the oxygen atoms. 

Does the ester break apart at the point A or at the 
point B when it reacts with water? 

If the count rate had reduced to 3.75 counts hour"'g“', 
the lapse of time would be 4 x 5370 = 21 480 years. The 
actual count rate is a little higher than 3.75 counts hour‘ 
g', so the shell must be somewhat less than the cal- 

culated age, say around 21 000 years old. 

7.3 It breaks at the point A. The bond between the 
carbon and unlabelled oxygen must break if the labelled 
oxygen is to join to the carbon atom. 



UNIT 7 SUMMARY 

@ Applications of radioactivity include: 
Detection of metal fatigue. 
Food preservation. 
Destruction of malignant tumours. 
Tracers in medical and scientific research. 
Radiocarbon dating. This relies on measuring 
the amount of carbon-14 in once-living 

matter. The uptake of carbon from the 
environment stops on death. As the carbon- 
14 decays, the proportion of it in the sample 
gradually decreases. The relative amount of 
carbon-12 to carbon-14 is a measure of the 
length of time that the material has been 

dead. 
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Bohr’s model of the atom 

8.1 Energy levels of the hydrogen 
atom 

In this unit we are going to move outwards from the 
nucleus to the world of electrons surrounding the 
nucleus. First, you should understand that it was a puz- 
zle how electrons could remain outside the nucleus. The 
problem was, if the negative electrons were so very close 
to the nucleus, why were they not pulled into it by the 
attraction of its positive charge (Figure 8.1)? It was poss- 
ible to give a solution to this puzzle, but at the cost of 
creating a new problem. The solution was to assume that 
the electrons were moving very speedily around the 
nucleus in circular or elliptical paths. 

Given sufficient acceleration the electrons would not 
tumble into the nucleus. Unfortunately this apparently 
simple solution turned out to be particularly trouble- 
some. This was because James Clerk Maxwell had 
shown that any electric charge that was accelerated 
would radiate energy. Therefore, the electrons in all 
atoms should be continuously radiating energy. Also, if 
they radiate energy then they must be losing energy 
continuously. Eventually they would end up by spiral- 
ling into the nucleus and the atom would collapse 
(Figure 8.2). It is common experience that atoms do not 
normally radiate energy, and that objects in the world do 
not collapse and disappear. In short, the discovery of the 

Figure 8.1 If electrons are outside the nucleus, why are they 
not attracted in towards the nucleus; i.e. why do atoms not 
collapse? 
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Be Radiation 

ME aa 

Figure 8.2 An electron that is accelerating radiates energy. 
As it loses energy, it spirals in to the nucleus 

nucleus raised as many problems as it solved. As it 
turned out, the physics of the time could not solve the 
problem. Instead, quantum theory was invented to pro- 
vide the answers. Niels Bohr was one of the people who 
invented the theory. 

Bohr was a Danish physicist who spent some time 
working with Rutherford, and he also knew of Max 
Planck’s work on energy levels. Bohr had the insight to 
apply some of Planck’s ideas to explain the structure of 
atoms, in particular the hydrogen atom. The main pro- 
posal that Bohr made (in 1913) was that the electron 
could not have just any energy; rather it was restricted to 
having a particular set of energy values, which are better 
known as energy levels. That is, the energies of the 
electron were quantised. His formula for the energy levels 

was 

ee OM. 

eo 8egh?n? 

Notice that the energy values are negative. As we saw in 
Unit 2, this means that we would have to put energy into 
the atom in order to remove the electron. ; 

In this formula, 1 is a quantum number that governs 
the energy. It is called the principal quantum number. It 
can take only integer (whole number) values 1, 2, 3,... 
and the energy levels have the labels E,, £, B;,....The 
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Figure 8.3 The energy level diagram of the hydrogen atom 
shows the levels becoming increasingly close as the quantum 
number, n, increases. At n= the atom is ionised and the 
electron is free to move without the influence of the proton. A 
continuous band results because the energy of the electron is 
no longer quantised 

mass of the electron is shown as m,, the magnitude of its 
charge is e, and / is the Planck constant. Finally, €) is the 
permittivity of free space, and is a measure of how easy it 
is for electromagnetic radiation to pass through it. The 
values of quantities like e, h and ¢, are listed in Appendix 
D, and by putting them in the formula for E,, we find 

where k= 2.179 x 10~'!°J. If we plot these values of E,, 
we obtain an energy level diagram like that shown in 
Figure 8.3. 

8.1 (i) How much energy would be needed to make 
an electron move from the ground state (n = 1) of the 
hydrogen atom to the next level, with n= 2? 

(ii) This energy could be supplied by shining ‘light’ on 
the atom. With luck, one of the photons might give up 
its energy to the electron to make it move between 
the two energy levels. Use the equation E = hf to cal- 
culate the frequency needed. 

(iii) Convert this into a wavelength using the relation 
c=fi, where c is the speed of light. In which part of 
the electromagnetic spectrum does this radiation 
appear? 

8.2 What would be the value of the principal 
quantum number if an electron in a hydrogen atom 
was in an orbital of energy —0.242 x 10-'8 J? 

8.2 How to calculate the ionisation 

energy of hydrogen 

Notice that the energy levels become closer and closer 
together as m increases. Eventually, as n becomes 
infinitely large the value of —k/n? becomes nearer and 
nearer to zero, and the separate energy levels merge into 
a continuous band. Just at the point when the con- 
tinuous band begins, n= and &£,=0. If an electron 
manages to reach the level with £,=0 it has gained 
sufficient energy just to escape from the atom. When this 
happens the hydrogen atom becomes simply a bare 
positively charged nucleus. It has been changed into a 
hydrogen ion, H*. Usually we would say that the hydro- 
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Figure 8.4 The ionisation energy of the hydrogen atom is the 
energy needed to move an electron from the lowest energy 
level (n= 1) to the highest energy level (n= ©) 

gen atom has been ionised (Figure 8.4). The process of 
ionisation can be shown in an equation like this: 

H(g)—>H*(g) + e~ 
We can calculate the energy required to ionise a single 

hydrogen atom by using Bohr’s formula. We need to 
’ transfer the electron from the lowest energy level (1 = 1) 

to the highest possible energy level (1 = ©). The energy 
required will be the difference between the two energy 
level values. When n= we know that E.,=0, and 
when n= 1, E,=—2.179 X 107'8J, so we have 
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ionisation energy = E., — E, 
=O—(—2.179 x 10, *) J 
= JN To © 1On cw 

This value is in excellent agreement with that obtained 
from experiment. Successes like this provided evidence 
that Bohr was on the right track. 

8.3 Atoms more complicated than hydrogen have 
more than one proton in their nucleus. Let Z stand for 
the number of protons in a nucleus. Also, imagine that 
an atom loses all but one of its electrons so that it 
changes into a positively charged ion with just one 
electron. Bohr’s formula for the energy levels of the 
hydrogen atom can easily be changed to apply to 
such ions. It becomes 

_ —Z7e4m, 

i apBeshene 

We can write this as 

For example, a helium atom has Z=2 and two 
electrons. If it loses one of its two electrons, it turns 

into a helium ion, He*. 

(i) Draw an energy level diagram (like Figure 8.3) 
showing the first five energy levels of He*. 

(ii) Using k=2.179x107'®J calculate the energy 
needed to remove the electron from a He* ion. 

(iii) Use the Avogadro constant to convert your result 
into kJmol-'. You have now predicted the value of 
the second ionisation energy of helium, i.e. the 
energy of the process 

He*(g)— He?*(g) + e~ 

The accepted value for this change is 5250 kJ mol™’. 
How does your value compare? 

8.3 What are orbitals? 

One of the nice things about Bohr’s theory was that it 
allowed scientists to conjure up imaginary pictures of 
how the electron in a hydrogen atom was moving 
around the nucleus. In the state with lowest energy, 
Bohr predicted that it moved in a circular path at a fixed 
distance from the nucleus (Figure 8.5). The radius of the 
circle Bohr predicted to be exactly 5.292 X 107"! m. This 
distance is an important one in chemistry, and it is given 
a special name and symbol. It is called the Bohr radius, 
and has the symbol a). The path of the electron as it 
orbited the nucleus became known as an orbital. (But see 
Unit 11 for the modern definition of an orbital.) It was 
possible to predict the size and shape of the orbitals for 
each of the energy levels. Some of them were circles of 
radius larger than a); some were ellipses (Figure 8.6). It 
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Figure 8.5 According to Bohr, the electron in the lowest 

energy level of the hydrogen atom travelled in a circular path 

of radius ap : 
od 

Figure 8.6 Some of the paths of the electron in a hydrogen 

atom were circles and some were ellipses. These were com- 

mon shapes of Bohr orbitals 

soon became common for chemists to talk about 
electrons being in a particular orbital. Really the electron 
is not ‘in’ anything; rather it is moving in a particular 
way around the nucleus with a particular energy. 
However, saying that an electron is in an orbital is a 
convenient shorthand. 

8.4 Bohr predicted the radius of the orbit of the 
electron in the hydrogen atom to be 

a e,htne 

" me? 

(i) If an electron moves from n=1 to n=2, by how 

much does the radius of its orbit increase? 

(ii) What is the maximum distance away from the 
nucleus that the electron can get? What has hap- 
pened to the atom then? 

8.4 What are stationary states? 

In section 8.1 we said that it seemed that electrons out- 
side the nucleus should constantly be radiating energy. 
The energy of the electron in a hydrogen atom should 
therefore be changing in time. Bohr did not give a 
thorough explanation of why this did not happen. It was 
just one of the assumptions of his theory that when an 



electron had one of the energies given by his formula, 
then the electron did not radiate energy. 

The set of energy levels E,, were later given the names 
stationary states. This was not because the electrons were 
thought to be standing still; rather it was because the 
energy values did not change with time. 

8.5 Ground and excited states 

The electron in a hydrogen atom that has not been given 
any extra energy will be found in the lowest energy level, 
E,. This energy level is given a special name. It is called 
the ground state. Indeed, the state of any atom or mol- 
ecule in which all the electrons have their lowest 
energies is called the ground state. If the electrons are 
given extra energy and move from a lower toa higher 
energy, then the atom or molecule is said to be in an 
excited state. Such a change from one energy level to 
another is called a transition (Figure 8.7). Atoms or mol- 
ecules that are in excited states can often lose their extra 
energy by giving it out as light. We shall find that our 
ability to make atoms or molecules change between their 
ground and excited states is one of the most powerful 
ways of discovering how atoms bond together. The 
general name of this method is spectroscopy. Later we 
shall take a long look at different types of spectroscopy. 

Before leaving this unit, you might like to think about 
the meaning of diagrams that show circles around the 
nuclei of atoms. The circles are supposed to show where 
the electrons are to be found. You should now under- 

stand a little about how Bohr’s work made such 
diagrams possible. Also, you should realise that Bohr 
made predictions about the energy of an electron in a 
hydrogen atom. The key idea was that the energy was 
quantised: only particular energy values were found to 
occur, and these values were related to the value of the 
principal quantum number, n. Although the orbitals of 

Answers 

Two transitions from 
the ground state to an 
excited state: 
energy taken in 

Two transitions from 
an excited state to 
the ground state: 
energy given out Energy in units of —e4m,/8eGh* 

The ground state 

Figure 8.7 Examples of transitions between energy levels in 

the hydrogen atom 

the electron are often shown as circles, you should be 
careful about taking Bohr’s ideas to heart. In the first 
place, Bohr’s orbits were not always circular. Secondly, 
and more importantly, his theory could not explain how 
the electrons behaved in any atom or ion that had more 
than one electron. 

In the next unit we shall take a closer look at the 
successes of Bohr’s theory, and its failures. 

8.1 (i) Using our formula for the energy levels we have 

—k (—k)_k_k ie 3k 
£6 =F -GO-4- h-« (4-3) -F 

so 

E, —E, = 3 (2.179 x 107 '8 J) = 1.634 x 10° "8 J 

(ii) Planck’s equation rearranges to give f=E/h. The 
result is f= 2.466 x 10'° Hz. 

(iii) The wavelength = c/f= 1.216 x 10°’ m. This is in the 

ultraviolet. 

8.2 We have 

— 
—18 

—0.242 x 10-18J ie 

which means that 

»_. —2.179 x 1078 J 

9.249107 J 

Hence, n=3. 

8.3 (i) The energy level diagram is given in Figure 8.8. 

~ 
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Figure 8.8 The first five energy levels of a helium ion, He* 
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Answers — contd. 
2 iy Ee KL (iii) The result is 5247 kJ mol”'. The agreement is very 

PPPOE good. 

The electron will be in the lowest energy level (n = 1), so 8.4 (i) It increases in the ratio 22 to 12, i.e. 4 times 

the energy required is larger. . 

E,,—E,=0- (=) =2179x10-%8Ux4 (ii) Infinity. It has been ionised. 

=8.716X10°'8J 

UNIT 8 SUMMARY 

@ The energies of electrons in atoms are quantised, i.e. ground state from the atom (i.e. it corresponds to 
the electrons exist in a set of energy levels. the transition from n= 1 ton=). 

@ The values of the energy levels are governed by the @ Stationary state: 
principal quantum number, n. An electron in an atom whose energy does not 

@® When electrons move between energy levels, change with time is in a stationary state. 
electromagnetic radiation can be emitted or @ Ground state: 
absorbed. This is the state of an atom or molecule in which all 

@ The frequency fof the radiation and the gap between the electrons have their lowest energies. 
two energy levels is given by Planck’s equation e@ Excited state: 
AE= hf. If electrons are given extra energy and move froma 

@ The ionisation energy of the hydrogen atom is the lower to a higher state, then the atom or molecule 
energy needed to remove the electron in the is said to be in’ an excited state. 
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The hydrogen atom spectrum 

9.1 Balmer’s formula for the 
hydrogen atom 

If hydrogen atoms are given energy, for example by 
passing electricity through them, the energy can cause 
the atoms to go into excited states. Instead of the 
electrons being found in the ground state, they are 
excited into the higher energy levels. On the principle 
that what goes up must come down, sooner or later the 
electrons must lose their energy and fall back down to 
the ground state. The most common way for this to 
happen is for the energy to be lost as light. Sometimes 
the light is visible; sometimes it is invisible, for example 
infrared or ultraviolet light. The light that is given out 
can be measured in a spectrometer and the pattern 
recorded on photographic paper. The pattern is called a 
spectrum. The visible part of the hydrogen spectrum 

looks like that in the photo on page 52. 
The spectrum consists of a series of lines, and hence it 

is called a line spectrum. The appearance of a line spec- 
trum is very different to that of a continuous spectrum; for 
example a rainbow, where one colour merges impercep- 
tibly into another. The wavelengths of the lines were 
measured long before Bohr’s work. It proved extremely 
difficult to discover any relation between the wave- 
lengths of the lines until Johannes Balmer, a Swiss 
school teacher, published the formula that now carries 
his name. The formula was later written like this: 

—- (3 Pe 
R, is called the Rydberg constant. Its value is 
1.0967 X 107 m~!. Balmer’s formula was successful in 

giving the wavelengths of the lines in the spectrum pro- 
vided the number m took the series of whole number 

wanes 3,4; 5,\.. - 

Balmer’s formula 

9.2. Bohr’s explanation 

It was not until Bohr published his formula for the 

hydrogen energy levels that it became possible to ex- 

plain why Balmer’s formula had this rather strange 

appearance. 

The reason was that the lines in the visible spectrum 
occur when the electrons fall to the level with n= 2. To 
see how this gives rise to Balmer’s formula, let us use the 
simplified equation for the hydrogen energy levels, 
E,, = —k/n’. For the second energy level, E, = —k/2?. If we 
write the energy of any level above that of n=2 as 
E,, = — k/m?, the energy that the electron loses in falling 
from E,, to E, is 

energy lost= E,, — E=—5 - =k (4-4) 

Now we need to remember that this energy is given 
out as light, and that the energy of light of frequency fis 
just hf (h is the Planck constant — check with Unit 8 if 
you have forgotten about this). Then, in the present case, 

hf = energy lost 

ty PEO 
ON 

Finally, so that we can get the formula for the 
wavelength we must use the equation 

c=fi 

which says that the speed of light, c, is given by multiply- 
ing the frequency, f, by the wavelength, A. Rearranging 
this to c/A=f, or 1/A=f/c, we find 

Joe {lee 
he ea 2" 

This is the same as Balmer’s formula if we recognise that 
the constant k/hc is the same as the Rydberg constant Ry. 

SO 

9.3 Other lines in the hydrogen 
spectrum 

The Balmer series happened to be the first series of lines 
~ in the hydrogen spectrum to be investigated. This was 

because the lines were in the visible part of the spectrum 

and therefore the easiest to observe. In time, several 

other series of lines were discovered. These series are 

listed in Table 9.1. 
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Table 9.1. Series of lines in the hydrogen 
spectrum 

Series Region of Value Values 
spectrum of n of m 

Lyman (1914) Ultraviolet l 253, Ate 
Balmer (1885) Visible 2 34,528 
Paschen (1908) Infrared 3 4,5,6,... 
Brackett (1922) Infrared 4 Sop Upose 
Pfund (1924) Infrared 5 CpTh Ones 

It is not too difficult to write down the formula that 
predicts the wavelengths of all the lines in the hydrogen 
spectrum. Every line can be thought to be produced 
when an electron moves from a higher energy level to a 
lower energy level. If we call m the principal quantum 
number of the higher level, and 7 the principal quantum 
number of the lower level, the energy lost by the electron 
is i 

=e (aK) 
energy lost = E,, — E, => ~ 5; =k ae 

Incidentally, it is common practice to state the 
wavelengths of spectral lines in units of nanometres, nm 
(1nm=107? m). 

It is not often that line spectra are shown in colour. 
Usually they appear as lines on a black and white photo- 
graphic plate. In a book the spectrum might look like the 
diagram in Figure 9.1. 

Make sure that you realise that the lines become closer 
together at the high energy end of the scale. The high 
energy end is the end where frequency is increasing, or 
wavelength decreasing. 

Given his success in accounting for the spectrum of the 
hydrogen atom, it might seem that all was well with 
Bohr’s theory. Indeed, it was a great advance on any 
previous theory. However, it was not long before prob- 
lems began to arise. Among the most important was that 

380 | 389 \ 410 Wavelength/nm 

384 397 

Short wavelength Long wavelength 
High energy Low energy 

Figure 9.1 The spectrum of hydrogen atoms shows a 
bewildering array of lines. Only lines in the Balmer series are 
shown here 
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his method did not work properly for atoms or ions 
having more than one electron. The appearance of the 
spectra of other atoms such as oxygen or sodium had 
such complicated patterns of lines that a simple hydro- 
gen-like formula for the energy levels could not be 
derived. Also it was noticed that the spectrum of an atom 
changed if it was put in a magnetic field. This was par- 
ticularly difficult to explain using Bohr’s method. 
Attempts were made to adapt his equations, sometimes 
with success, but a better theory was needed. We shall 
discover something of this improved theory in the fol- 

lowing units. 

This image of the visible part of the hydrogen spectrum 
shows the characteristic lines which always occur in atomic 

spectra. 



9.1. Why could you not discover the ionisation predict the wavelength of any line in the hydrogen 
energy of the hydrogen atom by looking at the lines in spectrum. 
the Balmer series? Which series would allow you to If you have the time (and the expertise) write a 
calculate the ionisation energy? second program that will plot the appearance of the 

line spectrum for any one of the series of lines in 
Table 9.1. 

If you would like to get an idea of how complicated 
the full spectrum of the hydrogen atom is, choose an 
appropriate scale and plot as many of the lines as 

9.3. Write a computer program that will allow you to possible of all the five series on the same scale. 

Beh Heb= 
<t— Wavelength Frequency ———> 

A B 

Figure 9.2 Two diagrams showing lines in spectra. Only one of them is labelled correctly 

9.2 Which of the two diagrams in Figure 9.2 shows 
the axis labelled correctly? 

Answers 

9.1 The ionisation energy is the energy difference left means that short wavelength is to the right. This is 
between the energy levels with n=1 and n=~. The the high energy side, where the lines should converge. 
Balmer series only shows transitions to the level with In diagram B the lines appear to converge at low 
n=2. The Lyman series contains the transitions to the frequency, i.e. iow energy. This is the wrong way round. 
lowest energy level, n=1, so this will contain the infor- ; ; i 
mation needed to calculate the ionisation energy. Sater yan noe of the program will depend on the com 

9.2 Diagram A is correct. Wavelength increasing to the 

UNIT 9 SUMMARY 

@ Hydrogen atom spectrum: ie. (; abel 
(i) The spectrum consists of a series of lines, »  HNy? we 

which become closer together as wavelength 
decreases (or frequency increases). where R, is the Rydberg constant. 

(ii) The formula that relates the wavelength i of (iii) The Balmer series involves transitions to the 
lines in the hydrogen atom spectrum to the n= 2) level: 
principal quantum numbers, 7 and m, of the 
energy levels involved is 
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10 
Waves and particles 

10.1 Experimental evidence about 
the nature of light 

If you stand and watch waves on the sea meeting the 
mouth of a harbour, the waves can be seen to spread into 
the harbour, making a series of semicircles. This type of 
‘spreading out’ behaviour is called diffraction and only 
occurs with waves (Figure 10.1). In the case of the har- 
bour, the walls at the entrance form a diffraction grating. 
Provided a suitable grating can be found, other types of 
wave, and not just water waves, can be made to undergo 
diffraction. For example, Sir Lawrence Bragg showed 
that the way atoms lined up in a crystal made a diffrac- 
tion grating for X-rays (see Unit 30). 

Thomas Young had shown in 1807 that light could be 
made to show diffraction patterns. You will find details 
of Young’s slit experiment in any book on advanced 
physics. Here we only need to know that in his experi- 
ment light behaves as if it were a type of wave. 

Figure 10.1 This diagram shows what happens to waves that 
pass through a slit. The lines show the peaks and troughs in 
the waves. After passing through the slit the waves spread out 
in semicircles. The waves have been diffracted 
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The nature of light is rather more complicated than it 
would appear from the results of diffraction experiments. 
This was shown by the Cambridge physicist G. I. Taylor 
in 1909. He performed diffraction experiments with 
sources of light so weak that the diffraction patterns took 
months to form. Suppose his experiments were repeated 
with modern equipment using a photocell to detect the 
light (Figure 10.2). Also imagine that the output of the 
photocell was connected to a loudspeaker. It would be 
found that every so often a ‘click’ would be heard. This 
means that the light energy arrives at the photocell in an 
all or nothing process. There is nothing gradual about 
this; either a click is heard or it is not. This sort of 
behaviour is more like that which we normally associate 
with particles and not with waves. It is as if the light was 
arriving at the photocell like a stream of bullets. 

Thus although a diffraction pattern is eventually 
obtained (a wave-like property), the light energy appears 
to arrive in small packets of energy, i.e. quanta (which is 
a particle-like property). These quanta of light energy we 
have already called photons (Unit 2). 

Gammaz-rays are photons of very high energy, and 
should show diffraction patterns. However, in 1923 they 
were used by the American physicist A. H. Compton in a 
series of experiments where the rays were made to col- 
lide with electrons. Compton was able to prove that both 
the rays and the electrons behaved like particles. For 
example, they obeyed the law of conservation of 
momentum. The experiment provided further evidence 
for the idea that photons could display the properties of 
both waves and particles. 

That electrons would behave like particles was not too 
surprising. What was astounding was that it was later 
shown that electrons could behave like waves. The 
experiment that proved that electrons could be diffracted 
was performed by another two Americans, C. Davisson 
and L. H. Germer in 1927. They did not set out to show 
that electrons could be diffracted; instead, they made the 
discovery by accident. A beam of electrons that struck a 
nickel crystal produced a diffraction pattern, in much the 
same way as Bragg’s X-rays. 

Here, then, was evidence that not only light but also 
electrons could show the properties expected of waves 
and particles. Indeed, it has been shown that other 
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Figure 10.2 The nature of diffraction experiments with light. (a) If the photographic plate is replaced by an electronic detector and 
loudspeaker, a series of individual clicks is heard. (b) These three sketches illustrate the appearance of a photographic plate in a 
diffraction experiment if it were developed at various times after the start of the experiment. (i) Appearance of plate soon after the 
start of the experiment. (ii) Appearance some time later. (iii) Appearance towards the end of the experiment. The diffraction pattern 
is built from a large number of individual dots 
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‘particles’, like hydrogen or helium atoms, can be 

diffracted. 

10.2. What is wave-—particle duality? 

We now have good reason to think that all ‘particles’ can 
be diffracted given one condition: that a suitable diffrac- 
tion grating can be found. Even golf balls should be able 
to be diffracted. The problem is that this cannot be pro- 
ved by experiment because a grating of the right size 
cannot be made. 

The ability of matter to show both wave and particle 
behaviour is called wave—particle duality. It would be a 
mistake to try to imagine anything being both a wave 
and a particle at the same time. Rather, we need to 
accept that whether, for example, an electron behaves as 
a wave or a particle depends on the type of experiment 
that is being done. If we set up experiments that detect 
waves, then an electron.will show wave properties; if we 
set up an experiment that detects particles, then an 
electron will show particle properties. 

This remarkable behaviour is quite unlike anything we 
find in everyday life. On the large scale, matter behaves 
consistently: billiard balls behave as particles and never 
waves; the sea consists of waves in motion and not 
particles. It is only when we perform experiments on 
matter having the dimensions of atoms or electrons that 
we find wave—particle duality appearing. 

10.3. de Broglie’s equation 

In 1924 the Frenchman Prince Louis de Broglie 
published an exceedingly complicated account of 
wave-particle duality. (Notice that this was before Davis- 
son and Germer’s experiments on electrons.) The only 

part of his work that we need to consider is an equation 
in which he connected the particle-like property of 
momentum, mv, with the wave-like property of 
wavelength, 4. His equation was 

mv = u de Broglie’s equation 
r 

The name given to de Broglie’s waves was matter 
waves. His equation is quite general and applies to any 
‘particle’. de Broglie’s theory proved useful in providing 
an explanation of why the energies of electrons in atoms 
are quantised. For example, in Bohr’s work on the 
hydrogen atom, the electron was thought to rotate 
around the nucleus in a circle. If we accept de Broglie’s 
idea and represent the electron as a wave, this wave 
must exactly fit on the circumference of the circle (Figure 
10.3). This can only happen if a whole number of 
wavelengths will fit on the circumference. In symbols 
this means that nA=2zr. The whole number, n, turns 
out to be the principal quantum number that Bohr 

introduced. 
This unit has introduced you to some of the strangest 

ideas in modern science. They appear odd partly because 
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Figure 10.3 In the first diagram the wavelength fits an exact 
number of times around the circle. There is no destructive 
interference. In the second diagram the wavelength does not 
fit exactly. There is destructive interference 

Figure 10.4 A wrong interpretation of wave—particle duality. 
A matter wave is not.a wave-like path for an electron con- 
sidered as a particle 

our experience of the world comes from observing the 
behaviour of large lumps of matter: large, that is, com- 
pared with the world of atoms. There is no reason why 
the world of atoms should behave in the same way that 
we expect of the large-scale world. 

For this reason you should be careful not to think that 
the electron ‘really is’ a wave moving about the nucleus 
of an atom. Similarly, do not imagine that an electron 
acts like a passenger car following the wave-like path of 
a circular roller coaster ride (Figure 10.4). The ideas that 
we shall meet in the next unit give a very different inter- 
pretation of the wave-like nature of electrons in atoms. 

10.1 You decide to run for a bus. What is your de 
Broglie wavelength? (h = 6.626 x 10°-*4J s.) 

| 10.2 What is the de Broglie wavelength of an 
electron travelling at half the speed of light? 
(m,=9.109.x.105%' kg; c=3:x 10°m.s7'.) 

10.3 Estimate the speed and mass of a golf ball and 
a car. What would be the de Broglie wavelengths of 
each of them? 

10.4 Hydrogen molecules are among the most 
massive particles to produce a diffraction pattern. The 
mass of a hydrogen molecule is about 3.4 x 10-2’ kg. 
If the molecule moves at a speed of 1700m s“', what 
is its de Broglie wavelength? 



Answers 

10.1. This will depend on your mass. Suppose you are 10.3 For a golf ball m~0.05 kg; for a car m~ 1000 kg. 
about 9 stone, i.e. about 57 kg. You might reach a speed Let them both have a speed of 40m s“' (about 80 mph). 
of 8 ms‘ if you were in a hurry. Then, 8ms~' x 57 kg Then their de Broglie wavelengths should be about 
= 6.626 x 10° *4J s/A, which gives }~1.5 x 10°-%6m. 3x 10°-**m and 3 x 10-°’ m respectively. 

10.4 The wavelength is about 0.115x10°m, i.e. 
10.2 You should find that }= 4.85 x 10° '2m. 0.115nm. 

UNIT 10 SUMMARY 

Matter can show the properties of both waves and momentum (a particle-like property) and A is the 
particles, depending on the type of experiment that wavelength. 
is performed. ® Only light, electrons and some atoms with very small 

De Broglie’s equation, which sums _ up this mass will show their wave nature in experiments. 

wave-particle duality, is mv=h/i, where mv is 
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Schrédinger’s theory of the atom 

11.1 Schrédinger’s theory of the 
hydrogen atom 

During the 1920s there was a great deal of interest in 
wave-particle duality and de Broglie’s matter waves. It 
was the Austrian physicist Erwin Schrodinger who 
invented a method of showing how the properties of 
waves could be used to explain the behaviour of 
electrons in atoms. Schrodinger published his ideas in 
January 1926. This date represents one of the milestones 

TNE RPRRAE 
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Erwin Schrédinger looking more particle than wave. 
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in chemistry. His work formed the basis of all our present 
ideas on how atoms bond together. The heart of his 
method was his prediction of the equation that governed 
the behaviour of electrons, and the method of solving it. 
You will find his equation in panel 11.1. Fortunately, 
you do not have to know anything about his equation to 
make use of the results of his work. 

Like Bohr, Schrodinger tackled the hydrogen atom 
problem. Using a totally different method to Bohr’s, he 
derived the same formula for the energy levels 

Panel 11.1 

Schrédinger’s equation 
Here is Schrodinger’s equation: 

—I (OW OW ow ++ 
Sim \ oe ey? or 

The symbol V stands for the potential energy of an 
electron that can move round in the x, y and z 
directions in space. E£ is the electron’s total energy, 
and, believe it or not, the term on the left with all the 
differentials tells us the kinetic energy of the 
electron. (Indeed, it is an unlikely looking version of 
the equation in elementary physics that says kinetic 
energy + potential energy = total energy.) W is the 
wavefunction of the electron. The symbols 0?2W/dx?, 
etc., tell us to differentiate the wavefunction twice 
with respect to the three directions x, y and zin space 
if we wish to calculate the kinetic energy. To per- 
form the differentiation is extremely difficult, and it 

can only be done exactly in a few cases. Fortunately 
the hydrogen atom is one of those cases. The wave- 
function for an electron in the ground state of a 
hydrogen atom has the formula W=A exp(—r/dp), 
where r is the distance of the electron from the: 
nucleus, da, is the Bohr radius and A is a constant, 
equal to (1/ma%)'/?. This is the wavefunction of a Is 
orbital. Its value decreases exponentially with dis- 
tance from the nucleus. Wavefunctions for other 
orbitals are more complicated. 

) +VW=EW 
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The principal quantum number, n, had the same set of 
values as in Bohr’s formula. However, this was not the 
only quantum number that came out of Schrodinger’s 
calculations. In fact two more appeared. These were cal- 
led the azimuthal quantum number, /, and the magnetic 
quantum number, m (Table 11.1). It turned out that all 
three quantum numbers were needed to explain many of 
the more peculiar properties of the hydrogen atom and 
other atoms. 

Table 11.1. The quantum numbers n, | and m 

Symbol Name Information 

n Principal Governs the orbital energy 

E, = —em,/8e3h’n’ 

Tells us the degeneracy, n* 

I Azimuthal* Governs the orbital shape 

m Magnetic Governs the number of orbitals for 
each value of / 

Tells us what happens to the energy 
of orbitals in magnetic or electric 
fields 

*In some books you may find / called the subsidiary 
quantum number 

11.2 What do the quantum numbers 
tell us? 

(a) The principal quantum number, n 

We already know something about this; it governs the 
energy of the electron. Also, remember that the path of 
the electron around the nucleus was called an orbital. 
Schrédinger showed that it was possible for more than 
one orbital to have the same energy. Orbitals with the 
same energy are said to be degenerate. The value of the 
principal quantum number also tells us how many 
degenerate orbitals there are for a particular value of E,,: 
there are n* degenerate orbitals. For example, when 
n= 1 the value of 7? is 1, i.e. there is only one orbital 
with energy £,; When n=2, we have n*=4 and there 
are four degenerate orbitals with energy E,. 
We can show the arrangement of the degenerate 

orbitals for the hydrogen atom on an energy level 
diagram like that in Figure 11.1. 

(b) The azimuthal quantum number, | 

This quantum number is also related to the principal 

quantum number. When n= 1 there is only one value 

for J, that is =0; when n=2, /=0 or 1; when n=3, 

1=0, 1 or 2. You should be able to spot the pattern: / 

takes any positive value from 0 up to n— 1 (Table 11.2). 

Energy 

n = 3, 9 orbitals 

n = 2, 4 orbitals 

n = 1, 1 orbital 

Figure 11.1 The diagram shows the degeneracy of orbitals 
for the hydrogen atom only. For example, for the second 
energy level (n=2) there are four orbitals with the same 
energy. Only n=1, 2 and 3 levels are shown 

Table 11.2. Values of principal and azimuthal 
quantum numbers 

Azimuthal quantum 
number, | 

Principal quantum 
number, n 

PB ww = 

As you will see shortly, / gives us information about the 

shapes of orbitals. 

(c) The magnetic quantum number, m 

The magnetic quantum number tells us what happens to 
the energies of the different orbitals if the atom is placed 
in a magnetic (or electric) field. At this level of chemistry 
we need not worry about such complications, so for 
most of the time we can simply ignore the connection 
between m and the energy. 

Of more interest is the fact that m also gives us detailed 
information about degenerate orbitals. In fact the value 
of m tells us how many orbitals there are for a particular 
value of the azimuthal quantum number. 

11.3 Different types of orbital 

The solutions of Schrédinger’s equation are known as 

wavefunctions, but more often as orbitals. You can use the 

words ‘orbital’ and ‘wavefunction’ interchangeably. 

They mean very much the same thing. Schrédinger’s 

_ orbitals are given names depending on the values of their 

quantum numbers. The names are made up of a number 

and a letter. The letter depends on the azimuthal 

quantum number as shown in Table 11.3. 

The number is the value of the principal quantum 

number and is written in front of the letter. The letters s, 
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Table 11.3. Labelling system for orbitals 

Value of azimuthal quantum number, / 0 

Orbital label s 

Table 11.4. The most commonly used orbitals 

Principal quantum Orbitals 
number, n 

] Is 

2 US, 249) 

3 3s, 3p, 3d 
4 4s, 4p, 4d, (4f) 

p and d come from the early days of spectroscopy. These 
letters are the initials of the three most common types of 
lines in the spectra of atoms: they were called sharp, 
principal and diffuse. After f, the orbital letters follow 
alphabetical order, g, h,.... 

Examples of orbital names are Is, 2s and 2p orbitals. 
The way the values of the quantum numbers v and / 
change (Table 11.2) means that some orbital names can- 
not occur. For example, when n= 1, there is only one 
value for /, and. that is /=0. Therefore only an s orbital 
can occur; there are no Ip or ld orbitals. The main types 
of orbital that we shall meet are listed in Table 11.4. 

11.4 Wavefunctions and what they 
mean 

Just like water waves, wavefunctions can have peaks 
and troughs. However, the shapes of wavefunctions are 
often very different from the shapes of water waves. For 
example, a graph of a water wave might look like that in 
Figure 11.2a. The graph of the wavefunction for the 
ground state of the hydrogen atom looks rather different, 
as in Figure 11.2b. 

Clearly the wavefunction (or orbital) that emerges 
from Schrodinger’s method is very different from the 
simple circular orbit of Bohr. The problem that 
Schrodinger faced was to explain what his wavefunc- 
tions meant. As it happens, the explanation that he gave 
proved to be incorrect! It was not until later in 1926 that 
another German physicist, Max Born, proposed that the 
wavefunction could be used to give us information about 
the electron. However, this had to be obtained by using a 
fair amount of mathematics (which we can ignore) and 
the results proved to be somewhat surprising. 

The wavefunction could only be used to provide infor- 
mation about the probability of finding the electron in a 
given region of space around the nucleus. According to 
Born we must give up ideas of the electron orbiting the 
nucleus at a precise distance. In this respect Bohr was 
wrong in thinking that the electron in the ground state of 
the hydrogen atom was always to be found at a distance 
dy from the nucleus. Rather, it was only most probably to 
be found at this distance. The electron had a smaller 

60 Physical Chemistry 

Ground state ar kS 
wavefunction 

Distance from nucleus 

Figure 11.2 (a) A typical wave has the shape of a sine (or 
cosine) wave. (b) The wavefunction for an electron in the 
ground state of a hydrogen atom 

probability of being found at a variety of other distances 
as well. 

It is important to realise that we should not try to talk 
about finding the electron at a given point. The reason for 
this is that there is an infinite number of points around 
the nucleus, so the probability of finding the electron at 
any one of them is infinitely small, i.e. zero. 

If it is impossible to predict with certainty where the 
electron is to be found, do we have to give up hope of 
visualising the orbital of an electron? The answer is no. 
One way out of the dilemma is to imagine carrying out 
an experiment in which we take a series of photographs 
of an atom to give us an instantaneous picture of the 
whereabouts of the electron. Figure 11.3a shows the 
type of photograph that would be obtained. If the images 
were combined we would end up with a picture like 
Figure 11.3b. The separate dots have overlapped to give 
regions in which the density of dots is very high, and 
regions where the density of dots is much lower. 

In the high density regions we say that there is a high 
probability density. The maximum in the density comes at 
exactly the same distance, 4), that Bohr predicted in his 
work. The circular symmetry of the probability density is 
clear. However, we should remember that atoms exist in 
three dimensions, so really the diagram should be shown 
as a sphere. It is easier to draw circles rather than 
spheres, so usually we draw the density diagram as a 
circle. Also it is common practice not to include the — 
shading and to agree that when the circle is drawn 
(Figure 11.4) it provides a boundary surface within 
which, say, there is a 95% probability of finding the 
electron. 



Figure 11.3 (a) A scene where we imagine that each small dot represents the position of the electron in a hydrogen atom at 

different times. The important point is that the diagram illustrates that the charge of the electron is spread uniformly (spherically 

symmetric) over the atom. (b) Over a long period of time the electron spends most of its time a distance ag from the nucleus 

11.5 The shapes of orbitals 

(a) s orbitals 

All s orbitals have the same spherical symmetry. They 
can all be represented by circles like that of Figure 11.4. 
However they do vary in some ways. In particular, the 
higher the energy of the orbital the more it spreads out. 
For example, a Is electron is most likely to be found at a 
distance of dy (i.e. 5.292 X 107'! m) from the nucleus; a 
2s electron is most likely to be found over five times 
further away at 5.24 X ay (i.e. 27.71 X 107"! m). 

Within this region 
there is a 95% probability 
of finding the electron 

Figure 11.4 A represeniation of the 1s orbital of hydrogen. On 
paper it looks like a circle, but it is a sphere in three 

dimensions 

(b) p orbitals 

The probability density diagrams for p orbitals are very 
different to those of s orbitals. If you look back at section 
11.2 you will find that we said that the magnetic 
quantum number can tell us the number of orbitals of a 
given type. The result is that for s orbitals, the magnetic 
quantum number, m, has only one value. This means 
that there is only one variety of s orbital. That is the 
variety we have already met: the spherically symmetric 
ones. For p orbitals there are three possible values of m 
(—1, 0 and +1). The three types of p orbitals are called 
Py Py and p,. Their shapes are shown in Figure 11.5. You 
will see that they are not spherically symmetric. Each 
one points in a particular direction along one of the three 
major axes. 

As with s orbitals, it is tedious to try to draw three- 
dimensional diagrams, so usually we are content to draw 
a cross-section through a p orbital like that shown in 
Figure 11.6. 

(c) d orbitals 

There are five different types of d orbital. Their shapes 
are shown in Figure 11.7. You will need to know a little 
about d orbitals, especially when we come to discuss 
transition elements in Unit 105. However, for the present 
we shall only be concerned with elements that have 
electrons in s and p orbitals. There is no need for you to 
know anything about the shapes of f, g, . . . orbitals. 

We have come a long way from the efforts of Niels Bohr 

to explain the structure of the hydrogen atom. His was a 
world of certainties. The world of Erwin Schrédinger and 
Max Born is one of uncertainties. Instead of simple 

circular orbits, the motion of an electron is admitted to 
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Figure 11.5 Shapes of the three 2p orbitals. The + and — signs give the signs of the wavefunctions in the various regions of | 
space. Within the shapes there is a high probability of finding an electron 
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Figure 11.6 Cross-section through a 2p, orbital. The curved 
lines are contours where the wavefunction has a constant 
value. To the right the wavefunction has a positive sign; to the 

left it is negative 

be something that we cannot predict with certainty. The 
electron in a hydrogen atom can exist in one of a large 
number of different orbitals. Which orbital the electron 
finds itself in depends on its energy. In an s orbital it is 
most likely to be found in a sphere around the nucleus. 
In a p orbital it will wander through a region of space 
that has a dumb-bell shape. 

All this information about the electron and its orbitals 
comes from the solutions of Schrédinger’s work on the 
hydrogen atom. The problem still remains of explaining 
the behaviour of electrons in more complicated atoms. 
This is the theme of our next unit (Unit 12). 

11.6 The spin quantum number 

Electrons have a magnetic field, and in some ways they 
behave like tiny bar magnets. When this property was 
discovered it was known that a magnetic field could be 
set up when electric charges move in a circle. It seemed 
natural to think that electrons have a magnetic field 
because they were negative charges spinning round. 
Hence the name ‘spin’ was used to describe their 

magnetism. Experiments show that electrons have their 
magnetic fields set in two directions only. We call these 
directions ‘up’ and ‘down’. We shall show the two dif- 
ferent spins by arrows: | or f will stand for ‘spin up’, 
and | or | will correspond to ‘spin down’. For each 
state of the electron spin there is a corresponding value 
of the spin quantum number, m,. We shall assign the value 
m,=+1/2 to an electron with spin up, and m,= — 1/2 to 
an electron with spin down. Experiment shows that 
these are the only values that the spin quantum number 
can have. You will find in the next unit that spin plays a 
large part in determining the electron structures of 
atoms. 

11.1. Earlier we met the idea that the probability of 
finding the electron at any particular point is zero. We 
also spoke about the probability of finding the 
electron at a given distance from the nucleus. Try to 
explain why these two ideas are not contradictions of 
one another. 

11.2 When electrons move around a nucleus it is 
possible to measure their angular momentum. Bohr 
said that the angular momentum of an electron was 
given by L=nh/2x. Schrédinger said it was given by 

L=Vii+1) hi2x. 

(i) What are the two predictions for the angular 
momentum of an electron (a) in a 1s orbital, (b) in a 
2p orbital? 

(ii) Who do you think was right? 

(iii) Is there anything strange about one of the results 
for the s orbital? 

11.3 Draw another diagram like Figure 11.1 but this 
time write down the labels of the orbitals for each of 
the energy levels. 

11.4 An electron in a hydrogen atom finds itself in 
the fourth energy level. 

(i) Write down a list of the orbitals that it might be in. 

(ii) Can it be in all of these orbitals at once? 

(iii) Can you tell which orbital it is in? 

11.5 Which of the following orbitals could not exist: 
3s, 4s, 5s, 1p, 3p, 1d, 2d, 3d? 

11.6 Werner Heisenberg derived a remarkable 
result using a different (but compatible) theory to that 
of Schrdédinger. He said that it was impossible to 
measure with complete accuracy both the position 
and momentum of an electron. This statement has 
come to be known as Heisenberg’s uncertainty 
principle. We can write the uncertainty in position as 
Ax and in momentum as Ap. Heisenberg’s equation 

is 

ApAx2 h/4x 

(i) If the position of an electron is known to within 
10-'2m, what is the uncertainty in its momentum? 

(ii) How does your figure compare with the momen- 
tum of an electron travelling with one-third the speed 
of light? 

(iii) In our large-scale world, is there a limit (in 
principle) on the accuracy with which we can 
measure the momentum and position of a particle, 
e.g. a golf ball? 

(iv) Guess the effective value of Planck’s constant in 

the large-scale world. 
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Figure 11.7 Shapes of the five 3d orbitals 

Before we leave this section, a word of warning. You 
can imagine an electron as a tiny particle spinning round 
like a top if you want to, but if you do think like that, 
watch out: electrons have spin wavefunctions, as well as 
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orbital wavefunctions. Once again, you should not 
expect the small-scale world of atoms and electrons to | 
behave in the same way as large lumps of matter that we 
observe in the world around us. 



Answers 

11.1. If, say, an electron in a 1s orbital is a Bohr’s 

radius, a, from the centre of the atom, it could be 
anywhere on the surface of a sphere of this radius. The 
probability of finding the electron at a given distance is 
therefore proportional to the surface area of this sphere 
—a very different thing to an infinitely small point. This is 
shown in Figure 11.8. 

Energy 

Figure 11.9 Orbitals and energy levels for the hydrogen 

atom 

11.3. The diagram is given in Figure 11.9. 

11.4 (i) 4s, 4p, 4d, 4f. 

(ii) No, it will only be in one of them. 

(iii) No. For the hydrogen atom, all orbitals with the 
same principal quantum number have the same 
energy (they are degenerate). 

Figure 11.8 An electron at a distance r from the nucleus can 445 
be anywhere on the surface of a sphere of radius r. The 
surface area of the sphere is 4xr. The probability of finding 
the electron at distance r is proportional to 4 ar? 

1p, 1d and 2d could not exist. 

6.626 x 10 “Js 

Pacer RS URiGt 
=5:27:X 107 kgim s_! 

11.2 (i) (a) Bohr: h/2x because n=1 for a 1s orbital; 

Schrédinger: 0 because /=0 for an s orbital. (b) Bohr: 

hix because n = 2 for a 2p orbital; Schrodinger: V 2h/2x 

because /=1 for a p orbital. 

(ii) Schrédinger. 

(iii) The result that a 1s (and any other s orbital) 

electron has zero angular momentum is strange from 

a classical point of view. However, experiment shows 

that it is impossible to measure the angular momen- 

tum of electrons in s orbitals. 

(ii) The electron’s momentum will be approximately 
TID 1092 ke 108 mi se=9>c107 kg yim? s7'., The 
uncertainty is large (over 50%). 

(iii) No, the limit is one of practice, not principle. In the 
large-scale world we often like to think that the degree of 
accuracy is fixed by the limits of our measuring instru- 
ments. For atoms and the like, matters are very different. 
There seems to be no way round the limits expressed by 
the uncertainty principle. 

(iv) It is effectively zero. 

UNIT 11 SUMMARY 

EE ...SSSSS.S.qco]j_c____
_ 

e An orbital represents a region of space in which there 
is a high probability of finding an electron. 

e A wavefunction is a solution of Schrddinger’s 
equation and is a mathematical description of an 
electron. 

@ The three main types of orbital are s, p and d. Each 
type has its own characteristic shape (see Figures 
11.4 to 11.7). The key orbitals at this level of 
chemistry are ls, 2s, 2p, 3s, 3p, 3d and 4s. 

@ There are four quantum numbers that govern the 
behaviour of electrons in atoms: 

(i) Principal quantum number 7 governs the 

energy of an orbital. 
(ii) Azimuthal quantum number / governs the 

shape of an orbital. 
(iii) Magnetic quantum number m gives the 

number of orbitals of each type. 
(iv) Spin quantum number m, describes the 

magnetic properties of an electron. 
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I2 
The aufbau method and electron structures 

12.1 What is the aufbau method? 

The purpose of this unit is to show you how to explain, 
and predict, the ways that electrons arrange themselves 
in the orbitals of atoms. When the arrangement has been 
established, we say that we know the electron structure or 
the electron configuration of the atom. The German word 
‘aufbau’ means ‘building up’. We are about to discover 
how electron structures are built up by applying a set of 
three rules, which were established during the 1920s but 
still hold good today. These rules are listed in Table 12.1. 

Table 12.1. Rules for the aufbau method 

Rule 1 _ Electrons go into orbitals with the lowest energy 

Rule2 The Pauli exclusion principle (two versions): 

(a) It is impossible for two electrons with the same 
spin quantum number to be in the same orbital 

(b) An orbital can contain a maximum of two 
electrons 

Rule 3 Hund’s rule: Electrons will fill a set of degenerate 
orbitals by keeping their spins parallel 

12.2 More about orbital energies 

Schrodinger’s theory of the hydrogen atom was very 
successful. You may remember that the first stage in his 
method was to write down the correct equation for the 
atom, and then solve it. For atoms with more than one 
electron, writing down the equation is fairly easy, but 
solving it is not; in fact it is impossible to solve exactly. 
The main reason for this is that it is very difficult to take 
account of the repulsions between the electrons. 

The way round the difficulty is to make approxima- 
tions. The most important one is to assume that the 
shapes of the Is, 2s, 2p and other orbitals that we met in 
the last unit remain similar to those in the hydrogen 
atom. However, a major difference is that the energies of 
the orbitals change. Especially, the energies of the 2s and 
2p orbitals are no longer the same. Similarly, the 3s, 3p 
and 3d orbitals change their energies. Indeed, all orbitals 
with the same value of the principal quantum number 
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change their energies. We say that their degeneracy is 
lifted. The orbitals increase in energy in the order 

Is, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 2. 

The new pattern of orbital energies is shown in Figure 
12.1. There are two reasons for the changes in energy. 

First, the energy of an orbital will depend on the 
charge on the nucleus. The more the charge, the stronger 
the attraction for the electron. This means that we would 
have to put more energy in to remove the electron from 
the atom. Therefore the energy of an orbital becomes 
more negative compared to the equivalent orbital in the 
hydrogen atom (Figure 12.2). 

Secondly, when there is more than one electron, the 
electrons will repel one another. Owing to the different 

Energy 

3p, Spy 3p, 

2px 2py 2p, 

Figure 12.1 The order of energies for the orbitals of atoms 
other than hydrogen. The diagram is not drawn to scale. Only 
orbitals up to 3d are shown 



Energy 

Hydrogen 
1s orbital 

Another atom’s 
1s orbital 

Figure 12.2 Although they have the same label, the 1s orbital 
of hydrogen will not have the same energy as another atom. 
For example, helium with two protons in its nucleus will have a 

greater attraction for a 1s electron than does hydrogen. 
Therefore the energy of the orbital will be less than that of a 
hydrogen 1s 

ways that the electrons move around the nucleus 
(shown by the shapes of the orbitals), electrons in s, p, d, 
... orbitals will repel each other by different amounts. 
These repulsions are responsible for the lifting of the 
degeneracies. 

12.3 Filling orbitals — the 
importance of energy 

We are now going to discover how to work out which 
orbitals are used by the electrons in an atom. 

The first rule is that: 

As far as possible, electrons will go in the 
orbital with the lowest energy. 

For example, a helium atom has just two electrons. 
The orbital with lowest energy is the 1s, so we expect 
both electrons to go into that orbital. Indeed, spec- 
troscopy shows that we are right. So far, so good. Now if 
we turn to lithium, which has three electrons, we would 
predict that the 1s orbital would contain three electrons. 
Similarly, we would predict that every atom would have 
all its electrons in a 1s orbital. However, evidence from 

spectroscopy shows that all the electrons are notin the 1s 
orbital. You might, for example, imagine taking an atom 
and firing photons at it. If you were to use photons of the 
right energy, you might be able to knock an electron out 
of an atom. (Usually X-rays are found to have the 
necessary energy.) When experiments like this are done, 
it is found that it is impossible to knock any more than 
two electrons out of an orbital. Given this evidence, we 
can tell that there must be another rule at work. This rule 
was first stated by Wolfgang Pauli in 1925. It refers to the 

property of electrons called electron spin that we met in 

Unit 11. 

12.4 The Pauli exclusion principle 

When two electrons go into the same orbital, one 
electron has m,= +1/2 and the other has m,= —1/2. We 
say that their spins are paired. 

Pauli was the first person to state our second rule, 
which is known as the Pauli exclusion principle: 

It is impossible for two electrons with the 
same spin quantum number to be in the same 
orbital. 

Put in another way, it says that an orbital can contain 
a maximum of two electrons; and if there are two 
electrons in an orbital, then their spins are paired (one 
has spin up, the other spin down). 

Figure 12.3 shows the diagrams for the elements 
hydrogen to boron. We create these diagrams by apply- 
ing our two rules. We put the first electron into the Is 
orbital with the least energy (rule 1). The second 
electron goes into the same orbital, but with opposite 
spin to the first electron (rule 2, the Pauli exclusion 
principle). The third electron goes into the 2p orbital 
because the Is is full. By repeating this procedure, the 

five diagrams are obtained. 
Incidentally, because each of the 2p orbitals is iden- 

tical to the others, we do not know which one contains 
the last electron of boron. As far as drawing diagrams is 
concerned, the simplest thing is to put it into the 2p,. 
Also, we do not know whether this electron has spin up 
or spin down. It looks better if we show it with spin up. 

Before we leave the exclusion principle, we should 
note that Pauli stated it as a result of his trying to under- 
stand the spectra of helium and more complicated 
atoms. The principle does not forbid electrons to do any- 
thing. Rather it is a generalisation of how electrons 
behave in atoms. Like the Schrédinger equation, its justi- 
fication lies in its success in explaining the results of 
experiments. 

2p — — — —§ — — — 4+—— 

H He Li Be B 

Figure 12.3 The electron structures of hydrogen, helium, 
lithium, beryllium and boron. The diagram does not show the 
relative energies of the orbitals, only the arrangements of the 

electrons 

12.1 How many electrons can fit into (i) an s orbital, 
(ii) a set of three p orbitals, (iii) a set of five d orbitals? 

12.2 There is more than one way of formulating the 
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Pauli exclusion principle. For example, it can be 
stated as: No two electrons in the same atom can 
have the same set of four quantum numbers n, /, m, 
m,. Write down the values of these four quantum 
numbers for the two electrons in helium: Now pretend 
that another electron goes into the same 1s orbital. 
What could be the values of its four quantum num- 
bers? Now explain (briefly) why this version of the 
exclusion principle is equivalent to the one we used 
earlier. 

12.3 Suppose it takes 100 units of energy to make 
two electrons share the same s orbital. This energy 
we can call the pairing energy. Also, suppose there is 
a p orbital above the s orbital. If the energy gap 
between the s and p orbitals is 80 units, which of the 
diagrams in Figure 12.4 would show the correct 
electron structure? 

p—_——_ — 

gap 
100 units 

I ae Energy 

het + 
Figure 12.4 Two possible arrangements for the electrons 
of question 12.3 

12.5 Hund’s rule 

There is just one more rule that we need to know about. 
To see why another rule is needed, think about building 
up the energy diagram for carbon. Carbon has one more 
electron than boron. This electron must go'into one of 
the 2p orbitals; the problem is, which one? Because the 
2p,, 2p, and 2p, orbitals all have the same energy, our 
first rule does not help us. Nor does the exclusion 
principle give us guidance. Once again we must look to 
the results of experiments. These show that carbon has 
two unpaired electrons. In turn this means that the 
electrons must be in different orbitals. Also, experiments 
show that the two electrons have parallel spins, as shown 
in Figure 12.5. 

2 ae 

2 + 

1s 4 

Figure 12.5 The electron structure of carbon. Experiment 
shows that the two 2p electrons have parallel spins 

This brings us to our third rule, which is called Hund’s 
rule: 

Electrons will fill a set of degenerate orbitals 
by keeping their spins parallel. 
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Figure 12.6 The electron structures of carbon, nitrogen, 
oxygen, fluorine and neon 

This rule does not defeat thé exclusion principle. You 
can see this in Figure 12.6, where the energy diagrams 
for carbon to neon are shown. Once nitrogen is reached, 
where each of the 2p orbitals contains one electron, the 
next electron must go into one of the 2p orbitals with 
opposite spin to the electron already present. This is 
what happens for oxygen, fluorine and neon. 

12.6 Background to Hund’s rule 

It is not too difficult to understand why, given the 
choice, an electron prefers to enter a different 2p orbital 
rather than to join another already present in the same 
orbital. The reason is simple. Electrons, being negatively 
charged, repel each other. If two electrons move in the 
same region of space (e.g. in a 2p, orbital), then they will 
repel each other much more strongly than if they move 
in different regions of space (e.g. in 2p, and 2p, orbitals). 
Thus, it is energetically more favourable for them to go 
into different orbitals. 

You may find that some books say that ‘electrons try to 
keep their spins parallel’. You should be careful about 
reading too much into such phrases. In the first place, as 
we have just seen, the reason why electrons may go into 
different 2p orbitals is largely one of keeping electron 
repulsions to a minimum. Secondly, the reason why 
electrons in, say, nitrogen keep their spins parallel is not 
because of a direct interaction between the spins. Rather 
it is to do with how the electrons influence each other's 
attraction for the nucleus. 

12.7 The aufbau method in action 

You have seen how to build up the electron structures of 
the atoms hydrogen to neon. It would be tedious to have 
to draw diagrams every time that we wanted to show an 
electron structure. As you might expect, there is a shorter 
method. The idea is to write down the labels of the 
orbitals and to show how many electrons it contains by 
writing the number of electrons as a superscript. For 
example, helium’s structure would be written 1s?, 
neon’s would be Is?2s?2p°. One other convention is that 
if an orbital contains only one electron, then we write 
down the orbital label without a superscript. For exam- 
ple, hydrogen’s structure is written 1s, boron’s is 



Table 12.2. The grcund state electron structures of the first 20 elements in the Periodic Table 

Element Is 2s Dps 2p, 2p, 3p, 3p, 3p, 4s Overall 

H | Is 
He \| 1s? 
Li \| i 1s?2s 
Be 1| \| 1S225¢ 

B i { { 1s?2s*2p 
C ‘(| ‘| { { 1s?2s?2p* 
N ‘(| ‘| { { { 1s"2522p> 
O ‘\l ‘(| ‘{l { { 1S25-207 
F ‘I tl ‘\l {l { Ts 25°2p" 
Ne (| ‘(I ‘ {| (| isos 2p" 
Na ‘(lL { ‘(l tl ‘L { 1s*2s°2p°3s 
Mg ‘(L ‘tL ii} tl tl i 1s*2s*2p°3s? 
Al ‘(I {| 1l | pill ‘I { 1s?2s?2p°3s?3p 
Si ‘( ‘(l { { ‘| ‘\l { { 1s°2s?2p°3s*3p* 
P I { ‘(L | {I ‘(L { { { 1s?2s?2p°3s*3p* 
S {I ‘(h {l ‘I {I ‘\L ‘{ { { 1s*2s?2p°3s*3p* 
cl {L ‘tL { | {I ‘I ‘I ‘I { 1s°2s*2p°3s?3p” 
Ar ‘(L ‘lL tl ‘tl tl ‘\ ‘{ {l ‘| 1s°2s?2p°3s*3p° 
K ‘(l {| {I { ii) ‘tL ‘( i ii} { 1s°2s*2p°3s°3p*4s 
Ca ‘I ‘I tl ‘\l ‘\L ‘L i) ‘| ‘ 1s?2s?2p°3s?3p°4s* 

1s*2s?2p. The electron structures of the first 20 elements 
in the Periodic Table are shown in Table 12.2. 

There is a useful way of remembering the order of 
filling of orbitals. This is shown in Figure 12.7. 

You should now know how to use the aufbau method 
to build up the electron structures of any atom; well, 
almost any atom. There are a few atoms that are a little 
odd, especially chromium and copper. Chromium has 24 
electrons and using Figure 12.7 we would predict the 
electron structure to be 1s*2s*2p°3s?3p°4s73d*. In fact 
the structure is 1s?2s*2p°3s*3p°4s3d’. For chromium, the 

OL, 

een 
Le 

ee 
5s 5p 59g 

ae 
6s 6d 6f 6g 

7s 7p 7d 7f 79g 

Figure 12.7 A diagram that should heip you work out electron 
structures. By following the arrows you will find the correct 
order of orbitals 

energy gap between the 4s and 3d orbitals is small. It is 
so small that the lowest energy overall is obtained by 
having six electrons each in separate orbitals rather 
than four in separate orbitals and two sharing the 
same (4s) orbital. Similarly, copper has the struc- 
ture 1s?2s?2p°3s73p°4s3d’° rather than the expected 
1s22s72,p°3s73p°4s-ad?s 

In this unit we have met important ideas that have 
been developed to explain the electron structures of 
atoms. Although completely accurate solutions of 
Schrédinger’s equation are rarely available, it is possible 
to find very good approximate solutions. The most 
important solutions are orbitals that have the same 
names as the Is, 2s, 2p, ... orbitals of hydrogen. Using 
the Pauli exclusion principle together with Hund’s rule 

12.4 Write down the electron structures of (i) nickel, 
atomic number 28; (ii) zinc, atomic number 30; (iii) 
krypton, atomic number 36; (iv) rubidium, atomic 
number 37. 

12.5 Before Schrdédinger’s method had allowed the 
electron structures of atoms to be explained in terms 
of orbitals, experiments had been performed that 
showed there were certain ‘magic numbers’ of 
electrons in atoms. Two of these numbers were 2 and 
8. They are sometimes said to correspond to the fill- 
ing of ‘K and L shells’. 

Write down the list of orbitals that are filled when 
the K and L shells are full. 

Which atoms correspond to the filling of the shells? 
Why do you think the numbers of electrons were 

called ‘magic’? 
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allows us to write down the electron structure of any 
atom. You will find that once we know these structures it 
is possible to explain many of the properties of the ele- 
ments; especially, how they bond together. It is to this 

Answers 

12.1. The s orbital can contain 2, the p orbitals 6, and 
the five d orbitals 10 electrons. 

12.2 Both electrons will be in the 1s orbital, for which 
n=1, /=0, m=O. If the first electron has m,= +1/2, 

then the second will have m, = —1/2. If a third electron is 
to go into the same 1s orbital, then it must have the 

same values for n, / and m. Also, it can only have 
m,=+1/2 or —1/2. However, the electrons present 
already have these values; so the third electron would 

have to have the same set of four quantum numbers as 
one of the electrons already in the orbital. This is what 
the new statement of the exclusion principle says cannot 
happen. Thus it also says that an orbital can have a 
maximum of two electrons. 

12.3. The second diagram is correct. The energy is 
minimised by using only 80 units to have the electrons in 

topic of bonding that we shall turn shortly. However, 
before we do so, you should read the next unit, which 
describes how ionisation potentials vary with the 
electron structures of atoms. 

separate orbitals. (It would take 100 units to put them 
both in the same s orbital.) 

12.4 (i) Nickel: 1s*2s?2p°3s?3p%4s73d°. 

(ii) Zinc: 1s?2s?2p°3s?3p%4s73d"°. 

(iii) Krypton: 1s*2s?2p°3sé3p°4s73d'°4p®. 

(iv) Rubidium: 1s?2s?2p°3s73p°4s73d'°4p°5s. 

12.5 The K shell corresponds to 1s? and the L shell to 
2s*2p°. They correspond to the noble gases helium and 
neon. Helium has the K shell full, and neon both the K 
and L shells full. The numbers were thought to be 
‘magic’ because at the time the noble gases were 
believed to be completely inert, so their electron struc- 
tures were considered to be very special. (To some 
extent they are special!) 

UNIT 12 SUMMARY 

e Electrons fill orbitals in the order: 
Is, 287 2p, 38) 3pr4s; 3d, 4p 75s) 4d Msp; 6s8)..701.; 

@ Rules for filling orbitals: 
(i) As far as possible, electrons will go in the 

orbital with the lowest energy. 
(ii) The Pauli exclusion principle says that: 

It is impossible for two electrons with the 
same spin quantum number to be in the same 
orbital. 
This rule means that an orbital can contain no 
more than two electrons. 
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(iii) Hund’s rule says that: 
Electrons will start to fill a set of degenerate 
orbitals keeping their spins parallel. 

e@ Electron structures are shown by writing down the 
list of orbitals with the number of electrons in each 
orbital shown as a superscript. For example, the 11 
electrons of sodium are arranged in the order 
Is*2s*2p°3s: 



15 
Electron structures, ionisation energies and 

shielding 

13.1 What is shielding? 

The electrons in the outer orbitals of an atom tend to 
spend more of their time further from the nucleus than 
electrons in other orbitals. If you were an electron in one 
of the outer orbitals you would not have a clear view of 
the nucleus. Rather, your view would be interrupted by 
a cloud of negative charge belonging to the electrons in 
the inner orbitals (Figure 13.1). You would be shielded 
from the nucleus by this charge cloud. 

This electron does 
not feel the full 
effect of the positive 
charge of the nucleus 

These electrons shield the outer 
electron from the nucleus 

Figure 13.1 Electrons towards the outside of an atom are 
shielded from the nucleus 

13.2 lIonisation energies down a 

Group 

We know that electrons are held in an atom by the 
attraction they feel for the positively charged nucleus. If 
atoms were simple things we would expect an atom with 
a large number of protons to hold on te its electrons very 
tightly. On the other hand, an atom with a small number 
of protons would be expected to lose its electrons quite 

easily. We can check whether this actually happens by 
looking at a table of ionisation energies (Table 13.1). 

The first ionisation energy, Ist I.E., of an element is 
defined as the energy change for the conversion of 1 mol 
of gaseous atoms into 1mol of gaseous ions. For 
example, 

Na(g)—> Na*(g) +e7; Ist LE.=+513kJ mol"! 

The second ionisation energy is the energy needed to 
convert the +1 charged ion into a +2 charged ion: 

Na*(g)—Na?*t(g)+e7; 2nd I.E. = +4562kJ mol! 

In similar fashion we can draw up a table of third, 
fourth, fifth, etc., ionisation energies. We can learn quite 

Table 13.1. First, second and third ionisation 

energies of the elements hydrogen to calcium* 

Element Number of electrons removed 

1 2 3 

Hydrogen esl) 
Helium RSID) 5250 
Lithium 520 7298 11815 

Beryllium 899 Le, 14849 
Boron 801 2427 3 660 

Carbon 1086 PASS S} 4620 
Nitrogen 1402 2856 4578 

Oxygen 1314 3388 5 300 
Fluorine 1 681 3471 6050 

Neon 2081 3952 6122 

Sodium 513 4562 6912 
Magnesium 738 1451 L133 
Aluminium 578 1817 2745 
Silicon 786 MSFT 3232 

Phosphorus 1012 1903 2912 
Sulphur 1000 DAS 3361 
Chlorine W251 2297 3 822 
Argon 2) 2 666 3931 

Potassium 419 3051 44]1 
* Calcium 590 1145 4912 

*All values have units of kJ mol’. Data adapted from: 
Handbook of Chemistry and Physics, CRC Press, Boca Raton, 
Florida, 1989. A more complete list is given in Appendix B 

Electron structures, ionisation energies and shielding Z1 



lonisation 
energy _, 
/kJ mol 

600 

500 

400 

300 

200 

100 

3 11 19 37 55 Atomic 

number 

Figure 13.2 The ionisation energies of Group | metals. (The 
atomic number scale is not linear) 

a lot by examining how the ionisation energies of the 
elements change as we go down a Group or across a 
Period in the Periodic Table. 
We shall take the elements of Group I to illustrate the 

ideas. Their ionisation energies are shown in Figure 
Ses 

Going down the Group the number of protons, and 
therefore the atomic number, increases from 3 for 
lithium to 55 for caesium, so we might expect caesium to 
be much harder to ionise than lithium. Yet caesium is 
easier to ionise than lithium. The reason why, for exam- 
ple, the 3s electron in sodium is easier to remove than 
the 2s electron in lithium is due to shielding. 

The graph of Figure 13.3 shows how the electron den- 
sity for a sodium atom varies with the distance from the 
nucleus. There are two peaks. The first applies to the two 
electrons in the 1s orbital (K shell) and the second to the 
electrons in the 2s and 2p orbitals (L shell). You can also 
see a curve showing the corresponding curve for a 3s 
orbital. The maximum in the curve comes well beyond 
the maxima for the K and L shells. Also, the average 
distance of the 3s electron from the nucleus is greater 
than for the K and L shell electrons. This tells us that for 
much of the time the 3s electron in sodium has a total of 
10 electrons between it and the nucleus. This cloud of 
negative charge reduces the attraction of the nucleus for 
the 3s electron. Indeed, it is possible to estimate that, as 
far as the 3s electron is concerned, the effective nuclear 
charge is +2.2 rather than +11. 

Shielding is most effective whenever there is a full 
shell (or shells) of electrons between the outermost 
electron and the nucleus. Full shells coincide with the 
noble gas electron structures. So there is invariably a 
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Total electron density 

” 4 lay r 

Figure 13.3 For an atom like sodium the outer 3s electron can 
penetrate into the region of space occupied by the electrons 
in the K and L shells. However, for a sodium 3s electron 

lay = 1.2a). This is shown on the diagram and is well beyond 
the bulk of K and L shell electron density 

decrease in ionisation potential going from a noble gas to 
the following alkali metal in Group I. 

You will find that the trend down any Group in the 
Periodic Table is for ionisation energy to decrease. 
However, there are examples where the trend is not so 
clear. Often this happens when the atoms become large 
and complicated. 

13.3 Ionisation energies across a 
Period 

Figure 13.4 shows the pattern of the ionisation energies 
of the elements hydrogen to sodium. Unlike the change 
in ionisation energy down a Group, across the Period 

He 
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Figure 13.4 The graph of ionisation energy against atomic 
number shows apparent anomalies at boron and oxygen. 
Their ionisation energies are lower than expected 
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Figure 13.5 Summary of two trends in ionisation energy in the 
Periodic Table 

lithium to neon the trend is for ionisation energy to 
increase as the nuclear charge increases. This is just what 
we would expect. 

This must also mean that shielding is not so important 
across a Period as it is down a Group (Figure 13.5). One 
reason is that an electron in, say, a p, orbital has little 
shielding effect on an electron in a p, or p, orbital. You 
can check this by recalling that the p orbitals are mutu- 
ally at right angles to one another. Thus, to a large extent 
they do not shield each other from the nucleus. 
However, the filling of a ls or 2s orbital will have a 
shielding effect because s orbitals are spherically sym- 
metric. 
Now we can look at the variation in ionisation energy 

in more detail. For example, we should try to explain 
why there are the two bumps, or dips, around beryllium/ 
boron and nitrogen/oxygen. The dip from beryllium to 
boron occurs because the extra electron of boron enters a 
2p orbital, and this electron will feel the effects of the 
shielding by the pair of electrons in the 2s orbital. The 
shielding has the effect of lowering the ionisation energy. 
The increase from boron to carbon reflects the increased 
nuclear charge of carbon. Also, because the two 2p 
electrons of carbon are in different orbitals (see section 
12.5), they have little shielding effect on one another. A 
similar state of affairs accounts for the rise from carbon to 

nitrogen. 
The dip from nitrogen to oxygen is a different matter. 

If you return to our discussion of the aufbau method 
(Unit 12), you will find that the electron structure of 
nitrogen is 1s?2s?2p*? and of oxygen is 1s*2s*2p*. The 
oxygen atom’s extra electron must go into a 2p orbital 
that already has an electron in it. Putting two electrons 
into the same orbital brings about repulsion between 
them. For this reason it is easier to remove an electron 
from the 2p orbital in oxygen containing two electrons 
than it is from a similar orbital in nitrogen containing 
only one electron. This effect outweighs the effect of 
increasing nuclear charge from nitrogen to oxygen. 

From oxygen to neon, the increase in ionisation 

energy reflects the increase in nuclear charge. 

13.1 Why is it always the case that the 2nd I.E. is 
larger than the 1st I.E., the 3rd I.E. larger than the 2nd 
|.E. and so on? 

13.2 Explain the way the graph in Figure 13.4 
changes from hydrogen to lithium, and from neon to 
sodium. 

13.3. Draw a graph that shows how the second 
ionisation energies of the elements helium to sodium 
change. Explain the shape of the graph. You will find 
the table of ionisation energies earlier in this unit 
(Table 13.1). 

13.4 Briefly say how the ionisation energy of hydro- 
gen can be calculated from its spectrum. 

13.4 How ionisation energies are 
linked to Groups in the Periodic 
Table 

Look at Figure 13.6, where there are graphs showing 
how the first six ionisation energies of sodium, 
magnesium and aluminium change as increasing num- 
bers of electrons are removed. Three of the six graphs 
show the logarithm of the ionisation energies plotted. 
Logarithmic graphs can be most useful because they tend 
to exaggerate the degree to which the ionisation energies 
change at crucial points. The most important feature of 
the graphs is that there is a sudden increase in ionisation 
energy whenever a new shell of electrons is broken into. 
For example, the sudden rises for sodium and mag- 
nesium come when the 2p electrons are being removed: 

Na*(g) > Na?*(g) +e- 
Ist2s72p° — st2s-2p- 

Mg?" (g)-> Mg™"(g) +e", 
1s7)s7 20%... al s72s" 2p? 

Aluminium atoms, which have the electron structure 
1s?2s?2p°3s73p, have two sudden rises. The first comes 
when the 3s? electrons are disrupted, the second when 

one of the 2p° set is lost. 
The way that the ionisation energies of an element 

change can tell us which group of the Periodic Table it is 

in. All the elements of Group I have a pattern like that of 

sodium (one easy to remove, then a jump), all the Group 

II elements are similar to magnesium (two fairly easy to 

remove, then a jump), and so on. 
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Figure 13.6 Graphs of ionisation energy, |.E., and its logarithm, Ig(I.E.), for sodium, magnesium and aluminium. The horizontal axis 
shows the number of electrons removed. Arrows mark where the 2s and 2p orbitals are broken into 
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13.5 Plot the following (approximate) ionisation 
energies on suitable graphs, and say which groups of 
the Periodic Table the elements are in. 

Number of electrons removed 

1 2 3 4 

Element A 
lonisation energy/kJ mol"! 

590 

Element B 
lonisation energy/kJ mol"! 

1010 1900 2900 5000 6300 21300 

1100 4900 6500 8100 10500 

Answers 

13.1 Once the atom has changed into a positive ion, 
there is a stronger attraction between the nucleus and 
the electrons that are left. (This is shown by measure- 
ments of the radii of the ions, which are always smaller 

than their parent atoms.) Hence it is more difficult to 
remove an electron, and the ionisation energy 
increases. 

13.2 The rise from hydrogen to helium is due to the 
doubling of the nuclear charge. The drop from helium to 
lithium is because of the shielding effect of the spheri- 
cally symmetric filled 1s orbital. The drop from neon to 
sodium is also due to the large amount of shielding as 
soon as a shell becomes full of electrons. 

13.3 The graph is shown in Figure 13.7. The explana- 
tion of the shape follows that of the elements lithium to 
neon. The difference is that once lithium has lost an 
electron it has a noble gas electron structure, i.e. a filled 

set of electron shells. Like the noble gases it has a high 
ionisation energy. When beryllium has lost one electron 
it has the same structure as a lithium atom. Its single 
outer electron is shielded from the nucleus by a filled 
shell of electrons. This gives it a low second ionisation 
energy. In similar fashion there is a trend upwards 
across the Period, with dips at places where an electron 

is outside a filled s orbital, or where two electrons begin 

to fill a single p orbital. 

13.4 This is described in section 8.2. 

13.5 The best graphs to draw are of the logarithm of 
the ionisation energies. See Figure 13.8. The graph for 
element A shows a sudden jump after two electrons are 
removed. This tells us that it is in Group Il (like 
magnesium). It is calcium, which has the structure 

1s°2s72p°3s*3p°4s*. For element B the jump comes after 
five electrons have been lost. This corresponds to an 
element in Group V. In fact it is phosphorus, 
1s°2s?2p°3s*3p?. 

13.6 The student is partly right, and partly wrong. The 
1st I.E. does indeed tell us that the energy of the 2s 
orbital is —520 kJ mol”'. (Just as the ionisation energy of 
the hydrogen atom tells us the energy of the 1s orbital in 

Second ionisation energy/kJ mol! 

oS fo) 3S s) 

13.6 The following statement was made by 
student: 

The 1st I.E. of an atom takes an electron out of the 
orbital with highest energy, the 2nd I.E. takes an 
electron out of the next highest energy orbital, and so 
on. For example, lithium has the electron structure 
1s°2s. The 1st I.E. is 520kJ mol~', and the 2nd I.E. is 
7298 kJ mol~'. Therefore the energy of the 2s orbital 
in the lithium atom is —520kJ mol~', and the 1s 
orbital in the atom has an energy of 7298 kJ mol’. 

If you were marking this passage, how many marks 
out of 10 would you give it? Give your reasons. 

7000 

6000 

3000 

1000 

Atomic number 

Figure 13.7 A graph of second ionisation energy against 

atomic number for the elements helium to sodium 

hydrogen.) However, the 2nd |.E. does not tell us the 
energy of the 1s orbital in the atom. As soon as the first 
electron is removed we are dealing with a lithium ion, 
‘Li*. When the ion is made, the remaining electrons are 
drawn in towards the nucleus (there is less repulsion 
between the electrons); and the energy of the 1s orbital 
is decreased below the value it has in the atom. That is, 
it is harder to remove an electron from the 1s orbital in 
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Answers — contd. 

12000 

10000 

8000 

6000 
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Electrons removed Electrons removed 

Figure 13.8 Graphs for answer to question 13.5. Arrows mark where new shells of electrons are broken into 

Li* than it would be to remove it from Li. In short, the having the same energy in the ion as in the atom. Given 
student was right about the energy of the 2s, and about that this is a tricky thing to understand, 7/10 might be 
the name of the orbitals; but wrong about the 1s orbitals fair. 

UNIT 13 SUMMARY 

e@ The first ionisation energy, Ist I.E., of an element is: @ Increasing nuclear charge causes ionisation energies 

The heat change for the conversion of 1 mol of to increase. 
gaseous atoms into Imol of gaseous ions, @ The effect of increasing nuclear charge wins across a 
X(g) > Xt (g) +e. Period; but shielding wins going down a Group. 

e@ Shielding of outer electrons by the inner electrons @ For these reasons, ionisation energies increase across 
causes ionisation energies to decrease. a Period and decrease down a Group. 
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14 
Bonding in molecules: valence bond theory 

14.1 Valence bond theory 

There are about 110 elements, but when the elements 
combine they can make a huge number of compounds. 
Some of these compounds were made when the world 
began. Some have been made by men and women, 
either by accident or design. Chemists have developed a 
wide range of skills and techniques for making new 
chemicals. However, rapid progress has come about in 
this century to the extent that hundreds or thousands of 
new compounds are now made each year. Some of them 
have no apparent use; some are beneficial to health or 
agriculture; others are harmful and can be put to evil 
uses, e.g. as nerve gas. Our ability to make so many new 
chemicals has largely come about because of our under- 
standing of the bonds that hold atoms together. We are 
going to look at the two major theories of chemical 
bonding known as valence bond theory and molecular 
orbital theory. This unit deals with valence bond theory 
and Unit 16 with molecular orbital theory. 
We can discover the essentials of valence bond theory 

by using the hydrogen molecule as an example. Let us 
think of two isolated hydrogen atoms, A and B, very far 
apart. We know that each atom will have one electron in 
a ls orbital. If we now bring the atoms closer together, 
there will come a time when the region of space covered 
by one orbital will merge with that covered by the other. 
They will overlap; see Figure 14.1. 
When this happens we can imagine that the electron 

Two 1s orbitals 
overlapped 

yO 
Far apart Close together 

Figure 14.1 When the atoms A and B come Close, their 1s 

orbitals can overlap. Then A’s electron can move around B 

and vice versa 
~ 

A B A B 

Figure 14.2 The dot represents an electron once belonging 
to A; the cross represents an electron originally belonging to 
B. Once the orbitals have overlapped, both electrons can 
move around both atoms 

originally belonging to A can move around the nucleus 
of B, and vice versa. In valence bond theory there are 
two ways the electrons can be arranged in the orbitals. 
These are shown in Figure 14.2. The diagrams show that 
A’s electron and B’s electron can move into each other’s 
orbital. Indeed, the electrons are shared between the 
orbitals. This perfect sharing of two electrons makes a 
covalent bond. It is possible that you may have come 
across diagrams like that shown in Figure 14.3 where a 
dot-and-cross diagram for the hydrogen molecule is 
drawn. 

The dot and cross are drawn at the points where the 
circles join. This is meant to show the idea that the two 
electrons are shared between the two atoms. However, 
please be careful to distinguish these diagrams from the 
orbital probability density diagrams like those of Figure 
14.1. The dot-and-cross diagrams are something of a 
hangover from the days of Bohr’s orbits. They are not to 
be taken literally as showing the arrangement of the 
electrons, which, as we know, cannot be pinned down 

to such exact paths. 

Figure 14.3 A dot-and-cross diagram for hydrogen, Hz 
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For other atoms there are more electrons to worry 
about. However, usually only the electrons in the outer- 
most orbitals will be used in bonding. For example, 
nitrogen has the electron structure 1s?2s?2p>. The outer- 
most electrons are those in the 2s and 2p orbitals. These 
are the valence electrons. When nitrogen forms a molecule 
(either with itself or with another atom) it is the valence 
electrons that are used in making the bonds. Valence 
bond theory takes its name because it concentrates on 
the valence electrons and tends to ignore the others. 

14.2 Dot-and-cross diagrams for 
diatomic molecules 

Diatomic molecules contain only two atoms. Examples 
that have only one type of atom are H,, F,, N,, O, and 
Cl,. These molecules are called homopolar diatomic mol- 
ecules. Heteropolar diatomic molecules are made of dif- 
ferent atoms. Examples are hydrogen chloride, HCl, 
hydrogen fluoride, HF, and carbon monoxide, CO. In 
Figure 14.4 notice that: 

(i) in each case the non-valence electrons are omit- 
ted from the diagrams; 

(ii) the electrons (the dots and crosses) are shown in 
pairs; 

(iii) the circles are omitted to stop the diagrams 
becoming too complicated; 

(iv) every pair of electrons shared between the atoms 
counts as a bond; 

(v) every pair of electrons that is not used in bonding 
is called a non-bonding pair (often non-bonding 
pairs are called lone pairs). 

: rN Three H3 ON Three 
ais lone pairs 

Bond pair Bond pair 

Ga 

x 

x 

Lone yoair——= CO gn, Lone pair 
x 

A triple bond made from 
three pairs of electrons 

Figure 14.4 Dot-and-cross diagrams for hydrogen chloride, 
hydrogen fluoride and carbon monoxide. For the triple bond 
in carbon monoxide, one pair of electrons uses two electrons 
from oxygen, the other two involve electrons from both atoms. 
The bond that uses two oxygen electrons is known as a coor- 
dinate bond (see Unit 15). It is often indicated by an arrow 
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Table 14.1. The numbers of bonding and non- 
bonding pairs of electrons in some simple 
molecules 

Mole Bonding Non-bonding 
cule pairs (lone) pairs 

H, 1 0 
Np 3 2 (1 on each nitrogen) 
O, 2, ? (valence bond theory gives no simple 

answer) 
F, 1 6 (3 on each fluorine) 
ch 1 6 (3 on each chlorine) 
HCl i 3 (on the chlorine) 
HF ] 3 (on the fluorine) 
CO 3 2 (1 on each atom) 
H,O 2 2 (on the oxygen) 
co, 4 4 (2 on each oxygen) 
NH, 3 1 (on the nitrogen) 
NCI, 3 10 (1 on the nitrogen, 3 on each chlorine) 
EGE 3 10 (1 on the phosphorus, 3 on each 

chlorine) 
$$ Ea eee 

In Table 14.1 and Figure 14.5 are shown the bonding 
and non-bonding pairs for some simple molecules. 
Keeping the electrons in pairs helps us to keep count of 
them and to make sure that we have the correct number 
in the diagrams. Also, you will see that there is a total of 
two or eight electrons in the ‘orbit’ of each atom. Especi- 
ally, when an atom fills its outer shell by having eight 
electrons in it, this is known as ‘completing the octet’. 
The diagrams illustrate the idea that the atoms fill their 
shells when they form molecules. (See the previous unit 
for information about shells.) Be careful though. It is 
totally wrong to say that ‘atoms make molecules so that 
they fill their shells’ or that ‘atoms make molecules to 
complete the octet’. As an explanation of bonding this is 
far too simple. For example, it is energetically very 
unfavourable for an isolated oxygen atom to gain two 
electrons to complete its octet. There are many more 
factors than filling shells to be taken into account if we 
are to explain why molecules exist. You will find more 
detail about such matters in Unit 46. 

14.3 Dot-and-cross diagrams for 
triatomic and quadratomic molecules 

Triatomic molecules contain three atoms. Examples are 
water, H,O, and carbon dioxide, CO,. Quadratomic mol- 
ecules contain four atoms. Examples are ammonia, NH;, 
nitrogen trichloride, NCI,, and phosphorus trichloride, 
PCl,. 

The same principles as before apply in drawing the 
dot-and-cross diagrams for these molecules (see Figure > 
14.5). 
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Figure 14.5 Dot-and-cross diagrams for the molecules in 

Table 14.1 

14.1 Draw dot-and-cross diagrams of the following 
molecules: silane, SiH,; tetrachloromethane, CCl,; 
hydrazine, N,H,; hydrogen sulphide, H,S; tetra- 
fluoroethene, C.F,; methanol, CH,OH. 

14.2 Draw simplified diagrams of the molecules of 
question 14.1 showing the bonds as lines, and the 
lone pairs. 

14.3 The molecules boron trichloride, BCl,, and 
aluminium trichloride, AICI,, and interesting for a 
number of reasons. They are sometimes called 
electron deficient molecules. 

(i) To see why they have this name, draw their dot- 
and-cross diagrams. (There are only three single 
bonds to the boron or aluminium atoms.) 

(ii) How many electrons are there in the shell sur- 
rounding the boron or aluminium atoms? How many 
electrons would you have expected to find? Why are 
these molecules said to be electron deficient? 

14.4 Dot-and-cross diagrams for 
hydrocarbons 

The molecules methane, CH,, ethane, C,H,, ethene, 
C,H,, and ethyne, C,H,, are of great importance in 
chemistry. Their dot-and-cross diagrams are shown in 
Figure 14.6. The diagrams show that all the bonds in 
methane and ethane are single bonds, but in ethene 
there is a double bond between the two carbon atoms. 
Ethyne has a triple bond between the carbon atoms. 

Methane CH, — 

H H 
+x |: All 

en aGece El b-——C Isl single 

Ks | bonds 
H H 

Ethane CoH, 

isi Gel Eh \ AE 

“x  °x | All 

lal SO SC il i= C=C ist SINGS 

SO SO | bonds 

Hi Hi is Yel 

Ethene CoH, 

H H H H 
Bohs EDR X / A carbon- 
Sl C—¢ carbon 

tia / \ double bond 
H H H H 

Ethyne CoH» 

5 A carbon— 
He vGn en G0 Heed G=—C—— Hi "carbon 

3 triple bond 

Figure 14.6 Dot-and-cross diagrams for simple hydro- 
carbons 

14.5 Showing bonds by lines 

It can be tedious to draw dot-and-cross diagrams. Once 
the number of pairs of bonding electrons has been dis- 
covered, it is easier to show a bond by a straight line 
joining the atoms. Some of the more important mol- 
ecules that we have met in this unit have been shown in 
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this way in Figures 14.4 to 14.6. If you draw such 
diagrams you have a choice of what to do about those 
molecules which have one or more lone pairs. Here the 
lone pairs have been indicated by a pair of dots on the 
atom to which they belong. 

In this unit we have discussed one theory of bonding 
called valence bond theory. This theory claims that a 
bond is formed when two atoms bring their electron 
clouds close together. The electrons can then be shared 
between the atoms to make a covalent bond. This theory 
is useful because it concentrates on particular bonds and 
does not worry too much about what the non-valence 
electrons are doing. By focusing attention on particular 
bonds, the theory allows us to draw dot-and-cross 
diagrams. We can use these diagrams to help us visualise 
how the electrons in a molecule are arranged. 

However, molecular orbital theory has a different way 
of explaining how atoms bond together. This is the 
theory we shall meet in Unit 16. 

eee 2x9 x Xx xx 
a x 
Ore Ox xO Ox 

xx ay xx ° Xe ° 
x PNG x xN x S x 
x x ° 
xx .* x x x xe xy x x ¥ 

O O Oe aO) x x 
x Sx Xx > x 

2- = = GO, NO; SO; 

Figure 14.7 Simple dot-and-cross diagrams for carbonate 
(CO;7_), nitrate (NO3~) and sulphate (SO,?~) ions. Notice that 
there are more than eight electrons around the sulphur. Sul- 
phur can use its 3d orbitals in bonding, thus/giving room for 
more electrons than carbon or nitrogen 

Table 14.2. Shapes of oxoanions 
a rN ee ee 
Ion Shape* Bond Bond 

angles lengths 
/degrees /pm 

Nitrate, NO,” Planar 120 22 

Carbonate, CO,?~ Planar 120 130 

Sulphate, SO,?~ Tetrahedral 109.5 149 

Chlorate(vu), ClO,~ Tetrahedral 109.5 144 

Phosphate(v), PO,°~ Tetrahedral 109.5 154 

Manganate(vil), MnO, Tetrahedral 109.5 1D) 

*Note that the shapes can be drawn like this: 

O 

ea 
Omer, on" 

120° O O 

Tetrahedral chlorate(vi) 10n 
All bond angles 109.5° 

Planar CO,” ion 

All bond angles 120° 
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14.6 Bonding in oxoanions 

Ions that are negatively charged are called anions. If they 
contain oxygen they are called oxoanions, e.g. sulphate 
ions, SO,?-, and nitrate ions, NO,~, are oxoanions. 
Because Oxoanions are so common it is sensible to know 
something about the bonding in them. We can use 
valence bond theory to show the bonds using dot-and- 
cross diagrams. You will see the diagrams for a number 
of oxoanions in Figure 14.7, together with some infor- 
mation about their shapes in Table 14.2. ; 

> 

14.7 Resonance structures 

If you look at the bond diagram for the sulphate ion, 
SO,°~, you will see that there appear to be two types of 
oxygen—sulphur bonds. Two oxygen atoms are shown 
with a double bond to the sulphur, and the other two 
oxygen atoms have single bonds to the sulphur. 
However, the results from X-ray crystallography show 
that all the bonds in the ion have the same length of 
149 pm. This evidence means that all the bonds must be 
of the same type. The way round the problem is to 
assume that each of the bonds is somewhere between a 
pure single bond and a pure double bond. We can show 
this idea by drawing a number of different diagrams for 
the sulphate ion. 

You can see that, in the six diagrams of Figure 14.8, 
each bond is shown as a single bond three times and as a 
double bond three times. Please do not imagine that, for 
example, each bond is single for half of the time and 
double for the other half of the time. The bonds in the 
real ion do not keep swapping from single to double. (As 
we have seen there is only one bond length in the ion.) 
The individual diagrams are called resonance structures. 
Sometimes resonance structures are called resonance 
hybrids (but they have nothing to do with hybridisation 
theory described in Unit 17). 

Figure 14.9 shows one way of representing the bond- 
ing in the sulphate ion. Each of the oxygen atoms is 
joined by a single bond to the sulphur atom. The dotted 
lines also indicate that some of the electrons are delo- 
calised over the entire ion. It is an important principle 
that when electrons are delocalised there is a lowering of 
the energy of the ion or molecule. This lowering means 
that the ion or molecule is harder than usual to break 
apart. This is true of the sulphate ion, and many of the 
other oxoanions in Table 14.2. Indeed, it is a general rule 
that the more resonance structures that we can draw for 
a particular ion or molecule, the more energetically 
stable will be the ion or molecule. We speak of them 
being resonance stabilised. However, this is not to say that 
such ions and molecules never break apart; it all wee 
on what they react with. 

The fact that electrons are delocalised over the mitre 
ion means that the negative charge is also spread over 
the ion. This is why the ‘2—’ sign is shown outside the 
brackets in Figure 14.9 rather than on any of the oxygen 
atoms. If you look at Figure 14.10 you will find a similar 
set of diagrams for the other ions of Table 14.2. . 
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Figure 14.8 Six resonance hybrid structures for the sulphate ion. (Note: the symbols — have nothing to do with equilibrium) 

Figure 14.9 Delocalisation of some of the electrons in the 
sulphate ion is shown by the dotted lines 
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Figure 14.10 Representations of delocalisation of electrons 

in oxoanions 

14.4 Methanoic acid, HCOOH, has one carbon— 
oxygen bond of length 123pm, and another of 
136 pm. The structure of the molecule is like this: 

H—c& 
OH 

(i) Which bond has which length? 

(ii) Both carbon—oxygen bonds in the methanoate 
ion, HCOO-, have the same length (127 pm). What 
does this tell you about the bonding? 

14.5 Benzene, C,H,, has a cyclic structure. One 
diagram of the bonding in benzene is shown below: 

(i) There is another way of showing the arrangement 
of single and double bonds between the carbon 
atoms. What is it? Draw the diagram. 

Experiment shows that there is only one Car- 

bon-carbon bond length in benzene, of value 140 pm. 

Normal carbon-carbon single bonds are about 
154pm long, and the length of the double bond in 

ethene is 135pm. 

(ii) Use the concept of resonance to explain the 

bonding in benzene. 
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Answers 

14.1 The diagrams are given in Figure 14.11. H 

Silane 

Silane 

Hole 
Sek lis | wee 

gs, Tetrachloromethane 5Cl-SC—=Ellc 

Tetrachloromethane 

Hydrazine 

Hydrazine 

Hydrogen sulphide 

Hydrogen sulphide 

Tetrafluoroethene 

Tetrafluoroethene 

Methanol 

Methanol 

Figure 14.11 Diagrams for answer to question 14.1 Boron trichloride x x Be x 

14.2 These are shown in Figure 14.12. 

14.3 (i) See Figure 14.13 for the diagrams. xC]X 
A x x 

(ii) There are only six electrons around the boron or ox 
aluminium atoms. Normally there would be eight. Thus Aluminium trichloride x x, Al y+ x, 
these molecules have two electrons less than we might ote <y 
expect: they are each deficient in two electrons. 

Figure 14.13 Diagrams for answer to question 14.3 14.4 (i) The double-bonded carbon-oxygen bond is 
shorter than the other. A double bond between two 14.5 
atoms is always stronger, and shorter, than a single ‘ 
bond between the same two atoms. | 

(ii) The bonding between the carbon and two oxygen H ‘G H 
atoms must be identical. Each bond has part of the 
character of a single bond and part of the character of a II | 
double bond. We can show this by drawing a dotted line aS 
to indicate how the electrons are delocalised over the | 
three atoms: 

(i) The diagram is: 

This and the other structure are two resonance hybrids 
ie for benzene. 

(ii) We would expect the bonding to show character- 
istics of both single and double bonds, without being 

Alternatively we can show the structure in terms of two 
resonance hybrids: 

o- identical to either. In Unit 44 you will find how to cal- 
H—c~ Wc < culate the extent to which benzene is more stable than 

~o- 8) either of the individual resonance structures. 
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UNIT 14 SUMMARY 

@ Valence bond theory says that covalent bonds are 
made between atoms that come sufficiently close 
together that their orbitals overlap and the 
electrons can move under the influence of both 

nuclei. 
e A covalent bond is a pair of electrons shared by two 

atoms. 

e A lone pair of electrons is not involved in bonding. 
e@ Resonance structures exist when the bonding in an 

ion or molecule can be represented by two or more 
different arrangements of the electrons. 

@ Resonance leads to charge being spread more evenly 
over an ion or molecule, and leads to increased 
energetic stability. 
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13 
Coordinate bonding 

15.1 What is coordinate bonding? 

Some atoms have a small number of electrons in their 
outer shell. Boron, for example, has the electron struc- 
ture 1s*2s*2p. The 2p orbitals contain only one electron. 
In the last unit we saw that boron reacts with chlorine to 
make BCl,, and that this molecule is planar. If we think 
of the boron atom as being hybridised (see Unit 17), two 
of the 2p orbitals together with the 2s orbital are used in 
forming the three sp” hybrids. This leaves one of the 2p 
set empty. 
Now consider the ammonia molecule. We know this 

to be a slightly distorted tetrahedron, with a lone pair of 
electrons on the nitrogen atom. It so happens that 
ammonia and boron trichloride combine with each 
other. The resulting molecule has a shape resembling 
two tetrahedra joined together. Our immediate task is to 
explain how these molecules react. 

There is an empty 2p orbital on the boron atom, which 
could contain two electrons. It can gain them by this 
orbital overlapping with the lone pair on the nitrogen 
atom in ammonia. We say that the nitrogen atom 
donates its pair of electrons to the boron atom. The name 
of the bond they make is a coordinate bond. 

You may find that the term dative covalent bond is used 
by some people instead of coordinate bond; similarly, 
dative bonding is an alternative name to coordinate 
bonding. 

Often a coordinate bond is shown by an arrow with 
the head of the arrow pointing to the atom that accepts 
the pair of electrons. You can see this in Figure 15.1. 
However, once a coordinate bond is made, it becomes 
just like any other covalent bond with two electrons 
shared between the atoms. 

The new molecule will take up the shape that 
minimises the repulsions between the bond pairs of 
electrons (see Unit 17). This is the reason why the 
chlorine atoms attached to the boron atom bend 
backwards. 

The product of the reaction between the electron defi- 
cient molecule and the donating molecule is sometimes 

called an adduct. For example, boron trichloride and 
ammonia make the ‘boron  trichloride-ammonia 
adduct’. 
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Figure 15.1 Making a coordinate bond between ammonia 
and boron trichloride. The dot-and-cross diagram shows that, 

when the lone pair is donated to the boron, there are eight 
electrons around that atom, i.e. it has completed its octet. 
(Here <@ shows a bond pointing towards you and --- a bond 
pointing away from you) 

H H + 
\ \ 

—N:—— _ Ht ives Ne H i H g He, 

H H 

Tetrahedral shape 

Figure 15.2 The formation of an ammonium ion by a coordi- 
nate bond between the nitrogen atom in ammonia and a 
hydrogen ion 

Coordinate bonds occur in a wide range of other reac- 
tions. You can see examples in Figures 15.2 to 15.6. | 

You might need an explanation of the reaction 
between copper(l) ions and ammonia molecules. Cop- 
per(Il) ions, Cu**, are copper atoms that have lost two 
electrons. The ground state electron configuration of 



or 

Figure 15.3 The ionic compound ammonium chloride 
(NH,* CI-) is made when an ammonia molecule reacts with a 
molecule of hydrogen chloride. We can think of one of the 
hydrogen atoms in NH,* being held to the nitrogen atom by 
a coordinate bond. In fact, all four bonds in NH,* are identical 

Gl Cl Cl 
shined ee eon ee 

S ic e 

Cl el Cl 3 

Figure 15.4 In the solid, beryllium chloride consists of chains 
of atoms arranged like those in the diagram. There are two 
coordinate bonds made from chlorine atoms to each beryllium 

atom 

Gl cl 

Sane ‘abs 
ee Gat 

Cl 
ee 

Al x 

Cl Cl 

Cl 

Cl 

Figure 15.5 Two of the chlorine—aluminium bonds in AlCl, 

are coordinate bonds. The shape of the molecule is shown in 
the lower diagram. The arrangement around each aluminium 
atom is tetrahedral 

copper is 1s?2s?2p°3s?3p°3d!°4s. When it becomes a 
Cu?* ion, the 4s electron is lost, together with one of the 
3d electrons. When copper(t) ions react with ammonia, 
a beautiful blue colour is produced. The ion responsible 
for the colour has the formula Cu(NH,),?*. Itis an exam- 

H3Ne Fits ee ee «NH3 

~ pea Ses ‘ 

HyN&----2222222 2222 *NH, 

Figure 15.6 The tetraamminecopper(il) ion, Cu(NH3)4°; has 
four ammonia molecules at the corners of a square. They 
make four coordinate bonds with a Cu?* ion at the centre 
of the square. (There are two water molecules bonded to 
the Cu?* ion, one above and one below the square. These are 
not shown in the diagram) 

ple of a complex ion; its name is the tetraammine- 
copper(I) ion. X-ray diffraction experiments show that 
the copper ion is at the centre of a square, with the four 
ammonia molecules at the corners forming a square 
planar shape. 

15.1 Boron trihydride, BH,, can react with ammonia. 
Predict the shape of the molecule formed and the 
bonding in it. 

15.2 Water can react with hydrogen ions to make 
the oxonium ion, H,0*, What is present in a water 
molecule that allows it to react with a hydrogen ion? 
Describe the bonding in the oxonium ion. Draw a dot- 
and-cross diagram for the molecule. 

15.3. Ammonia dissolves in water very easily and 
reacts with a large number of chemicals, e.g. cop- 
per(il) ions, Cu2*+. Why is it that if hydrogen ions (e.g. 
from sulphuric acid) are added to the water it is found 
that the ammonia does not react so easily with Cu?* 
ions? 

15.4 (i) Draw a_ dot-and-cross 
methylamine,CH,NH,. 

diagram for 

(ii) Does the molecule have a lone pair? 

(iii) Would you expect it to react with a hydrogen ion? 
If so, what would be the formula of the product? 

15.5 (i) How many lone pairs does the molecule 
1,2-diaminoethane, NH,CH.CH,NH., possess? 

(ii) Explain why a copper(ll) ion reacts with two of 
these molecules. What would be the shape of the 
complex ion produced? (Hint: you will find it helpful to 
make molecular models.) 
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Answers 

15.1 This is just like the reaction of ammonia with (iii) The lone pair will bond with the hydrogen ion to give 
boron trichloride. See Figure 15.1. CH3NH,*. This is also shown in Figure 15.8. 

15.2 There are two lone pairs, but only one of them He a 6 Uae h3. 
makes a coordinate bond with an empty 1s orbital on a Rea Nite! P 
hydrogen atom. There are three bonds. In the H,O* ion, i “i * iN ; eee: 
all three bonds are identical; but we think of two of them He H ae | 
as ordinary covalent bonds (originally in the water mol- 
ecule), and one of them as a coordinate bond. The dot- 
and-cross diagram is shown in Figure 15.7. 

Methylamine, CH3NH> 

+ ° 

°X 

tO —— jal) & 1g 
eX 

H H 

j formed with H*, CH3;NH3* Figure 15.7 Dot-and-cross diagram for the oxonium Sales NS 
ion, H,0* Figure 15.8 Diagrams for answer to question 15.5 

15.3 The hydrogen ions bond to the lone pairs on the 15.5 (i) Two. a: oe 
ammonia molecules making NH,* ions. The lone pairs (ii) We know that a Cu?* ion will bond with four lone 
are no longer available for bonding, so the ammonia pairs on four separate ammonia molecules. With 1,2- 
molecules cannot react. diaminoethane, each molecule brings two lone pairs 

; ae re ies with it, so the Cu?* ion will combine with two 1,2- 
15.4 (i) The diagram is given in Figure 15.8. diaminoethane molecules. The — product is 
(ii) Yes it does, on the nitrogen atom. Cu(NH;CH;CH,NH,)**. The molecule is flat (planar). 

UNIT 15 SUMMARY 

@ A coordinate bond (dative covalent bond) is a in coordinate bonding, e.g. toa hydrogen ion (as in 
covalent bond between two atoms in which one of NH,*) or to a transition metal ion (as in 
them provides both electrons. Gu(NH,),2*). 

@ The lone pair on an ammonia molecule is often used 
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16 
Molecular orbital theory 

16.1 Wavefunctions can be positive 
or negative 

You may remember that in valence bond theory we con- 
centrated on the individual bonds in a molecule, and 
tended to ignore the electrons that were not used in 
bonding. In molecular orbital theory there is a different 
emphasis. We begin by assuming that, in principle, ail 
the orbitals of the atoms are able to take part in bonding. 
We then try to discover how the orbitals on the atoms 
change when they overlap in the molecule. In the next 
section we shall discover some of the rules and regula- 
tions that govern how molecular orbitals are made. 

Every atom can have a full set of s, p, d, . . . orbitals, 
although not all of them will contain electrons. If we are 
to understand how molecular orbitals are formed, we 
need to know a little more about the nature of the 
orbitals. First, the diagrams that we use to represent 
orbitals show where electrons are most likely to be 
found. (They are probability density diagrams.) The 
oribitals themselves are really the solutions of 
Schrédinger’s equation. In Unit 11 these were called 
wavefunctions. 

Figure 16.la shows the wavefunctions of ls and 2p 
orbitals. The wavefunction of a 1s orbital is always above 
the r axis. That is, it always has a positive sign. On the 
other hand, the wavefunction for the 2p orbital is 
sometimes above the r axis and sometimes below it. This 
wavefunction can change its sign from positive to nega- 
tive. In this unit we shall show the signs of the wave- 
functions as a + or a — sign in the probability density 
diagrams. This has been done in Figure 16.1b. It is 
important that you do not think that probabilities can be 
negative; they can only be positive. 

16.2 How wavefunctions can be 

combined 

Any two waves can overlap with one another. Figure 

16.2 shows two waves that overlap in different ways. In 
Figure 16.2a the positive parts overlap each other, and 
the negative parts overlap each other. Each reinforces 

the other. The result is a larger wave. Figure 16.2b shows 
the positive and negative parts overlapping. The positive 
part is cancelled out by the negative part, with the result 
that there is no wave at all. Of course, such perfect over- 
lap rarely happens. Often waves overlap in a way 
somewhere between these two extremes. Then they 
reinforce in some places and cancel out in others. 

Well, wavefunctions behave as rather special types of 
wave. They too can overlap in two ways: they tend 
either to reinforce one another, or to cancel each other 
out. Suppose we have two atoms, A and B, each witha 
1s orbital. Let us call these orbitals 1s, and Is,. We can 

combine them in two ways. 
First way: they reinforce each other. The two wave- 

functions add together to give a combined wavefunction 
Is, + ls. This combination of orbitals is called a bonding 
orbital. 

Second way: they cancel out. The wavefunction of one 
decreases the other to give a combined wavefunction 

ls, — 1sy. This combination of orbitals is called an anti- 
bonding orbital. 

16.3. Bonding and antibonding 
orbitals using s orbitals 

Figure 16.3a shows the probability density diagram of 
the bonding orbital 1s, + Is,. You can see that the orbital 
spreads around the nuclei of both atoms. This orbital 
really does belong to the molecule as a whole and not to 
the individual atoms. This contributes to holding the 
molecule together; hence it is called a bonding orbital. Itis 
given a special name: a sigma (0) orbital. To show that it 
is made from Is orbitals, its full symbol is Iso. 
Compare this with the probability density diagram of 

the antibonding orbital 1s, — 1s, shown in Figure 16.3b. 
In spite of appearances to the contrary, there really is 
only one orbital here; it happens to have split into two 
portions, sometimes called /obes. If electrons are in this 
orbital, they have a high probability of being found very 
near to the nucleus of each atom, but a very /ow prob- 
ability of being found between the nuclei. These 
electrons do nothing to help the molecule keep together. 
Hence the orbital is called an antibonding orbital. It too 
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(a) 

1s wavefunction 

here 

(b) 

1s orbital 

— sign shows 2p, 
wavefunction is 
negative in this region 

2p, wavefunction 

Negative 

2p, orbital 

r( 

Positive 
Ba here 

+ sign shows 
1s wavefunction is positive 
everywhere 

+ sign shows 
2p, wavefunction is positive 
in this region 

Figure 16.1 (a) The wavefunction of a 1s orbital is always positive. The wavefunction of a 2p orbital is sometimes positive and 
sometimes negative. (A cross-section through a 2p, orbital is shown.) (b) The usual probability density diagrams for 1s and 2p, 
orbitals showing the signs of the wavefunctions 

has a special symbol: 1so*. The star is always used to 
show an antibonding orbital. 

16.4 Bonding and antibonding 
orbitals using p orbitals 

We can generalise this work on molecular orbitals to 
include the overlap of p orbitals as well. Figure 16.4 
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illustrates the formation of bonding and antibonding 
orbitals produced by the overlap of two 2p, orbitals. 

This time both the bonding and antibonding orbitals 
have two lobes. The bonding orbital is called a pi (=) 
orbital. A pi orbital formed from two 2p, orbitals is given 
the symbol 2p,z. The corresponding antibonding orbital 
is 2p,0*. 

Two p orbitals can make sigma orbitals as well. This 
happens when the orbitals point along the line joining 



a Resultant 
+2A 

aE > 

Displacement 

—2A 

se > 

Displacement Resultant 

| > 

Figure 16.2 Two ways in which waves can overlap with one 
another. (a) Two waves that have equal amplitude and are 
completely in phase interfere completely constructively. (b) 
Two waves that have the same amplitude and are completely 
out of phase give a resultant of zero amplitude. There is com- 
plete destructive interference 

O-O-GD-GZ> 
Isa Isp 

(ome (3) = = 
ISa ISB 

(b) . 

(a) 

(a) 

xy 7" 

2Ppy 2py 

(b) 

vk 

2py 2py 

eae 
2pyt 

einai 
Gao 

Figure 16.4 (a) The constructive interference of two 2p, 
orbitals gives a 2p, bonding orbital. Notice that the orbital 
has two lobes where the wavefunctions have opposite signs. 
(b) When destructive interference occurs, a 2pyz* antibonding 
orbital results 

ry, 

2pyn* 

the two nuclei. Figure 16.5 shows this happening. The 
resulting orbitals are more like sigma than pi orbitals. 
Hence their symbols are 2p,o and 2p_o*. 

16.5 Energies of bonding and 

antibonding orbitals 

It is possible for many combinations of orbitals to prod- 
uce bonding and antibonding orbitals; for example, s 
orbitals may overlap with p orbitals, d orbitals with p 

A sigma, o, 

bonding orbital 

A sigma star, o*, 

antibonding orbital 

Figure 16.3 How two s orbitals can combine (a) constructively or (b) destructively to make bonding and antibonding orbitals. (a) 

The orbital 1s, + 1S, is everywhere positive and encompasses regions of space around and between both atoms. The orbital is a 

a orbital. (b) The orbital 1s,— 18g consists of two lobes where the wavefunctions have opposite signs. There is a nodal surface 

midway between the nuclei. The two lobes form a single o* orbital 
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orbitals, and so on. There are two conditions that the 
orbitals on the two atoms have to meet: first, they must 
be similar in energy; secondly, they must have the right 
symmetry. The first condition means that, for example, a 

(a) 

2p, 2p, A 2p,0 bonding 
orbital 

(b) 

Oe Sere 
2p, 2p, A 2p,o* antibonding 

orbital 

Figure 16.5 /f two 2p, orbitals interfere (a) constructively, a 
2p,0 bonding orbital results; if they interfere (b) destructively, 
a 2p,0* antibonding orbital is made 

2py © 2Py 

OQ - X= 
2p, ( 2p, 

Figure 16.6 Two p orbitals that point in different directions 
cannot overlap properly. They do not have the correct 
symmetry 

Energy 

Figure 16.7 When the 1s orbitals of identical atoms overlap, 
the bonding o orbital is lower in energy than the two separate 
1s orbitals. The o* antibonding orbital, is higher in energy than 
the two 1s orbitals 
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Is orbital is most likely to overlap with another ls, and 
not with a 2s or 2p. (However, this is not always true if 
the atoms are very different to one another.) The second 
means that, for example, a 2p, orbital on one atom can- 
not overlap with a 2p, orbital on the other (Figure 16.6). 

In general, when a bonding orbital is formed, the 
energy of the orbital is lower than those of its parent 
atomic orbitals. (A lowering of energy means that the 
orbital is more energetically stable.) Similarly, the energy 
of an antibonding orbital is raised compared to its parent 
atomic orbitals. This is shown in Figure 16.7. 

16.6 Molecular orbitals for 
homopolar diatomic molecules 

Homopolar diatomic molecules have two identical 
atoms, e.g. H,, O,, Nz, F,. We can build up the molecular 
orbital energy level diagram for any of these molecules in 
the following way. First, using our energy rule, 1s will 
overlap with ls, 2s with 2s, 2p with 2p, and so on. 
Secondly, the symmetry rule means that only some of 
the combinations of orbitals will produce molecular 
orbitals. The resulting patterns of bonding and antibond- 
ing orbitals are shown in Figure 16.8. 

Having decided upon the diagram, we now have to 
place the electrons in the molecular orbitals. To do this 

Energy 

2Px py 2py  2pz 

2s 2s 

1s 1s 

Figure 16.8 The molecular orbital energy diagram for 
homopolar diatomic molecules such as H, No, O», Fo 



we use exactly the same rules as in the aufbau method 
for atoms. In particular, we put electrons into orbitals 
with the lowest available energy; but we must obey the 
Pauli principle and Hund’s rule. You can see the method 
at work in the following examples. 

(a) Hydrogen molecule, H, 

There are two electrons. They will both go into the Iso 
bonding orbital. All the other orbitals are empty. There- 
fore we can write the electron structure as 1so?. 

(b) Oxygen molecule, O, 

With each atom bringing eight electrons, there is a total 
of 16 to fit into the molecular orbitals. The first two go 
into the 1so bonding orbital. The next orbital is the 1so* 
antibonding orbital. This will take the next pair of 
electrons. Similarly, we put two more electrons into each 
of the 2so and 2so* orbitals. This leaves eight more. 
There are three more bonding orbitals, the 2p,o, 2p,7 and 
2p,s, which will take two electrons each. This leaves two 
electrons. The next orbitals are 2p,m* and 2p,s* anti- 
bonding orbitals. They are degenerate (i.e. they have the 

Energy 

2so* 

2s 2s 

2so 

1s0* 

1s 1s 

1so 

Figure 16.9 The molecular orbital diagram for oxygen. Note 

the two unpaired electrons in the 2p,1* and 2pys* orbitals. 

These electrons are responsible for the paramagnetism of 

oxygen 

same energy), so to keep the repulsions between the 
electrons as low as possible, one electron will go into the 
2p,x* and one into the 2p,x* orbital. This gives us the 
molecular orbital diagram of Figure 16.9. The electron 

structure can be written 

(1s0)?(1so*)?(2so0)?(2so0*)? 

(2p,o)?(2p,%)?(2p,st)?(2p,7*)'(2p,7*) 
Notice that electrons do go into the antibonding 

orbitals. An electron in an antibonding orbital can be 
more energetically stable that an electron in a bonding 
orbital of higher energy. Do not let the name ‘antibond- 
ing’ persuade you that putting an electron into an anti- 
bonding orbital will necessarily make a molecule fall 
apart. 

Also, the last two electrons keep their spins parallel. 
This means that their magnetic fields will not cancel each 
other out, which tends to happen when electrons have 
their spins paired. Therefore, according to molecular 
orbital theory, oxygen should be magnetic. Indeed, 
experiment proves this to be the case. Thus we can have 
some confidence that the molecular orbital method is on 
the right track. 

16.1. (i) Draw the dot-and-cross diagram for 
oxygen. 

(ii) How many unpaired electrons does it show? 
What conclusions can you draw? 

16.2 Using molecular orbital theory, work out the 
electron structure of the fluorine molecule, F,. 

16.3 The type of magnetism that oxygen has is cal- 
led paramagnetism. Use your answer to question 
16.2 to decide if F, is paramagnetic. 

16.7 Molecular orbitals for 
heteropolar diatomic molecules 

Heteropolar diatomic molecules are built from two dif- 
ferent types of atom. We shall use hydrogen fluoride, HF, 
as an example. This molecule happens to be a fairly 
extreme example of its type. The reason for this is that on 
the one hand hydrogen has one proton in its nucleus, 
whereas on the other fluorine has nine. One result is that 
the fluorine nucleus has a very strong attraction for the 
surrounding electrons. Atoms that have such strong 
attractions are said to have a large electronegativity. (We 
shall take a longer look at electronegativity in Unit 19.) If 

you were an electron in a ls orbital belonging to 

~ fluorine, you would have a much lower energy than the 
electron in the Is orbital of hydrogen. In fact the energy 
of the hydrogen 1s orbital is much nearer to that of the 
fluorine 2p orbitals. This is shown in Figure 16.10. 

The two lowest energy molecular orbitals of hydrogen 
fluoride are essentially the same orbitals as the 1s and 2s 
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2p,0* 

1s 
2p 

4+ 
2p,0 

2so ——4|—_ —t—-_ 2s 

1so —+— ote 14s 

H HF F 

Figure 16.10 The molecular orbital diagram for hydrogen 
fluoride 

orbitals of fluorine; there are no hydrogen orbitals with 
the right range of energy to interact with them. 
However, the hydrogen Is can overlap with the 2p, 
orbital of fluorine to form 2p,o and 2p,o* orbitals. For 
reasons of symmetry the Is orbital cannot successfully 
overlap with the fluorine 2p, and 2p, orbitals. These two 
orbitals form the basis of the 2p, and 2p,x molecular 
orbitals. Now we can build up the electron structure of 
hydrogen fluoride: 

(1so)?(2so)?(2p,o)?(2p,s)?(2p,st)? 

The molecular orbitals of other heteropolar molecules 
can be established in a similar way. 

16.4 Nitrogen monoxide, NO, is a _heteropolar 
diatomic molecule. However, nitrogen and oxygen 
are not so very different in their abilities to attract 
electrons (i.e. they have similar electronegativities). 
In this question, assume that their molecular orbitals 
are in the same order as those in Figure 16.9 for 
oxygen. 

(i) How many electrons have to be fitted into the 
orbitals? 

(ii) Place the electrons into the orbitals, starting with 
the lowest energy orbital, and write down the electron 
structure of nitrogen monoxide. 

(iii) Are there any unpaired electrons? 
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(iv) Would you expect nitrogen monoxide to be 
paramagnetic? 

16.5 In Figure 16.11 you can see a diagram 
representing the bonding between carbon and 
oxygen atoms in a carbonyl group. A carbonyl group 

Sc=0 is represented on paper as p pap ee 

Figure 16.11 There is a double bond in a carbonyl 
group, consisting of a o and a x orbital 

indicating that there is a double bond between the 
carbon and oxygen atoms. The two ‘spare’ bonds to 
the carbon atom can be made to hydrogen atoms or 
organic groups; e.g. see Unit 118. 

(i) Suggest the orbitals that are used in making the pi 
bond between the carbon and oxygen atoms. 

(ii) Why is the pi cloud shown spread more towards 
the oxygen than the carbon atom? 

16.8 Molecular orbitals for 

hydrocarbons 

It can be difficult to work out the electron structures of 
molecules with three or more atoms. The more atoms 
there are in a molecule, the more orbitals there are to 
take into account. The molecular orbital diagrams 
become very complicated, as do the shapes of the molec- 
ular orbitals. For example, two of the molecular orbitals 
of water have the shapes shown in Figure 16.12. 
However, there are some short cuts that can be made. A 
particularly important one is called Huckel theory. This 
is designed to give us information about the molecular 
orbitals of hydrocarbons such as ethene, C,H,, ethyne, 
C,H,, and benzene, C,H,. First, we shall deal with 
ethene. We know that ethene has its two carbon atoms 
bonded together. Each carbon atom is also bonded to 
two hydrogen atoms. The bonds that are used are sigma 
bonds. We shall represent these bonds by straight lines, 
as shown in Figure 16.13a. 
We shall assume that the 1s orbitals of the carbon | 

atoms are not used in forming the sigma bonds. There- 
fore we have to keep track of 12 electrons in all. (Four 
electrons from each carbon plus four electrons from the 
four hydrogen atoms.) Ten electrons are used in the five 
sigma bonds. This leaves two electrons, one in a 2p 



View from the side 

Figure 16.12 Four molecular orbitals of water. Three of them 
are viewed looking down on the plane of the molecule, one 
from the side. Notice that a lone pair orbital is nowhere to be 
seen 

(a) Sc—co 

(b) aY UH H¢ SH ani C—C 

Two sets of p orbitals Two x orbitals (each Cross-section 
separately overlap with two lobes) view 

The overlap of four separate p orbitals leads to a delocalised 

nm orbital. Each of the two central carbon atoms has a hydrogen 

bonded to it (not shown) 

Figure 16.14 (a) The origin of the two x orbitals in ethyne, 
C,H. The short way of showing the bonding is H—C=C—H. 
The triple bond is made from one o and two x bonds. (b) The 
usual way of writing the formula of buta-1,3-diene is 

CH,—CH—CH=CH,. However, molecular orbital theory 
says that instead of two separate x bonds, there is a set of x 
bonds that can spread over the carbon atoms. The electrons 
in the x orbitals are delocalised over the entire molecule 

Canktas, 
0 sult) 

59 Ot 6 

Cant 
Overlap of the two 

separate p orbitals 

gives ax orbital 

A x bond (with two 

lobes) together with 

ao bond 

Figure 16.13 (a) The o framework of ethene, C2H,. (b) How 
the x orbital in ethene is made 

orbital on each carbon as shown in Figure 16.13b. 

Hiickel theory says that these 2p orbitals form the basis 

of bonding pi (and antibonding pi) molecular orbitals, as 

shown in Figure 16.13b. 
The combination of sigma and pi bonds between the 

carbon atoms is called a double bond. 
The method can be extended to any hydrocarbon that 

has double bonds. Two examples are shown in Figure 

16.14. 

Benzene is a very important molecule. It has a wide 

range of applications in industry. For many years it pro- 

vided chemists with a considerable puzzle. Its formula 

was known to be C,H,, but how were the atoms 

arranged in space? Much of the credit for finding the 

correct solution goes to August Kekulé. 

Delocalised x cloud of 
electrons (much simplified) 

Figure 16.15 The overlap of a p orbital on each of the SIX 

carbon atoms in benzene, CgHg, leads to x molecular orbitals, 

one of which spreads over all of the carbon atoms; i.e. the x 

electrons in benzene are delocalised. (Note: for convenience 

the hydrogen atoms have not been shown in the diagram) 

Htickel theory can be applied to benzene in much the 

same way as for ethene. A major difference is that the pi 

bond that is formed stretches in a ring around the 

molecule. 
The pi orbital that is shown in Figure 16.15 is only one 
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of the molecular orbitals formed from the six 2p orbitals. 
Remember that each 2p orbital provides one electron, so 
there are six electrons to be found homes. Two go into 
the orbital we have drawn. This leaves four electrons, 
which go into two other moleaular orbitals. 
We have come a long way in this unit. Some of the 

ideas that you have met are among the most important 
in modem chemistry. Molecular orbital theory is very 
powerful. It is able to provide an explanation for many 
properties of molecules with which valence bond theory 
has difficulties. However, do not fall into the tap of 
thinking that one theory is ‘right’ and the other is 
‘wrong’. For example, you will discover that many of the 
properties of water are best explained by water posses- 
sing two lone pairs of electrons. These lone pairs are 

Answers 

16.1 (i) This is shown in Figure 16.16. 

a = <™ 

ozo 
“= =x = 

=x 

Figure 16.16 The Got-and-cross ciagram for oxygen shows a 
Gouble bond between the atoms, together with two Jone pairs 
on each atom. There is no sign of unpaired electrons 

(ii) There are no unpaired electrons in the diagram. 
Experiment shows that oxygen does have two unpaired 
electrons. Valence bond theory cannot be a complete 
theory of chemical bonding. (The missing bits are sup- 
plied by molecular orbital theory.) 

16.2 The structure is similar to that of oxygen, except 
that there are two more electrons to include- 

(180)°(1s0*)}(2sc)7(2s0* 
(2p.cF(2p,a)(2p,2)7(2p,x*F(2p,a°7 

16.3 Fluorine has no unpaired electrons, so it is not 
paramagnetic. 

predicted by valence bond theory. This being the case it 
may strike you as odd that there is no sign of the lone 
pairs in the molecular orbital theory of the water mol- 
ecule. Valence bond theory concentrates our attention 
on individual bonds or lone pairs. That is, it regards 
electrons as being Jocalised in particular parts of a mol- 
ecule. Molecular orbital theory emphasises the idea that 
electrons can, or should, not be pinned down like this. 
Molecular orbital theory says that electrons are delo- 
calised, i.e. spread out over a molecule. 

Valence bond theory and molecular orbital theory are 
two different ways of looking at the bonding in mol- 
ecules. Each has its strengths and each its weaknesses. 
Depending on circumstances, we shall make use of 
either theory from now on. 

16.4 (i) Nitrogen brings seven and oxygen eight, mak- 
ing 15 electrons in all. 

(i) Electron structure of NO is 

(1s0)*(1s0*)(2sa)?(2s0*)?(2p_0)?(2p,2)*(2p,x)*(2p,x*)! 
or 

(1s0)°(1s0*}*(2s0)*(2so*)*(2p,o)?(2p,x)?(2p,x)*(2p,2*)' 
We cannot tell which of the 2p,x* or 2p,x* orbitals is 
used. i 

(ili) Yes. one. 

(iv) Yes; the experiment shows that it is paramagnetic. 

16.5 (i) The pi bond is made between a 2p orbital on 
each of the atoms, as in the case of the diatomic mol- 
ecules we considered earlier. 

(il) Oxygen has a greater electronegativity than carbon; 
i.¢. it has a greater tendency to attract electrons towards 
it. The pi cloud is fatter nearer the oxygen atom, showing 
that there is a greater probability of finding the electrons 
there. 

- 

UNIT 16 SUMMARY 

ee Oa ee 

© in moleaular orbital theory all the orbitals in the ion 
or molecule are assumed to take part in bonding. 
The individual orbitals are combined to give the 
molecular orbitals, which may stretch over the 
entire molecule (or ion). 
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® The molecular orbitals are filled with electrons using 
the same rules that apply to atoms (see Unit 12). 



+7 
Shapes of molecules 

17.1 Molecular models 

There is now a great deal of evidence from X-ray diffrac- 
tion and spectroscopy that allows us to describe the 
shapes of molecules ranging from the smallest, e.g. 

water, to the largest, e.g. a protein. In this unit we shall 
often show the shapes “of molecules using diagrams of 
models. It is most important that you make molecular 
models yourself, or look at some that are already made. 

There are a number of types of molecular model that 
you might use. The simplest, and cheapest, use plastic 
tubes to represent bonds, and small plastic rings to 
represent atoms. A second type has small metal springs 
for bonds, and plastic balls for atoms. These are easier to 
see, but for models of larger molecules they can lose their 
shape. 

More expensive, but very good, are systems that use 
hollow plastic balls made to the same scale as the atoms 
that they represent. These fit together very neatly but it is 
quite easy to lose sight of the bonds. 

Finally, a type known as PEEL models are very good 
for showing the volume of space taken up by the 
electron clouds in a molecule. The framework of the 
molecule may be made using the ball and spring 
method, and pieces of expanded polystyrene are placed 
around the springs to show the sigma and pi bonds. 

There is a colour code used for showing atoms in 
models. The code is shown in Table 17.1. 

Table 17.1. Model colour code 

Atom Colour 

Carbon Black 
Chlorine Green 
Hydrogen White 
Nitrogen Blue 
Oxygen Red 
Sulphur Yellow 

17.2 Electron repulsion theory 

The most straightforward way of explaining why mol- 
ecules take up the shapes they do is known as electron 

Table 17.2. Order of repulsion strength 

Soranegest Afonzz=ee Wereket 

Lone pairlone pair Lone pairbond peir Bond pair—bond pair 

repulsion theory. First we need te remember that 
electrons are negatively charged. Therefore, bonds 
between atoms are regions where there is 2 lot of nega- 
tive charge. Similarly, lone pairs of electrons are regions 
of negative charge. There is a difference between bond- 
ing and lone pairs of electrons, though. Bonding 
electrons are spread out so that they spend time around 
both atoms in the bond. Lone pairs are attached to one 
atom only. The result is that lone pairs tend to congre- 
gateina smaller volume of space than do bonding pairs. 
In other words, the negative charge is more concentrated 
in a lone pair than in a bonding pair. 
One outcome is that, if you were to bring a bonding 

pair Close to another bonding pair, they will repel each 
other; but if you brought a bonding pair just as dose to a 
lone pair, these two would repel each other even more. 
Two lone pairs brought together would repel the most of 
all. You have now discovered the basic ideas of electron 
repulsion theory (Table 17.2). We can summarise it in 
this way: 

Molecules take up the shape that minimises 

The best way to see how the theory works is to apply it to 
some real cases; this is what we shall do now. 

(a) Beryllium chloride, BeCl, 

An individual molecule of beryllium chloride is known 
to be linear (Figure 17.1). There are two bond pairs, and 
the only lone pairs are on the chlorine atoms. The bond 
pairs are arranged as far apart as possible: this minimises 
the repulsions between them. 
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Figure 17.1 Beryllium chloride 

A sample of solid beryllium chloride has a different 
arrangement of the atoms; see Figure 15.4. 

(b) Boron trichloride, BCI, 

Here there are three bond pairs around the boron atom 
(Figure 17.2). The three equal bond angles of 120° mean 
that the chlorine atoms are all equally far apart. The only 
lone pairs are on the chlorine atoms. 

Uh 
Cl 

Figure 17.2 Boron trichloride 

(c) Carbon dioxide, CO, 

Like beryllium chloride, carbon dioxide is linear (Figure 
17.3). Carbon dioxide is a little more complicated, 
though, because it has double bonds between the carbon 
and oxygen atoms. There are no lone pairs on the central 
carbon atom, so there is no reason for the molecule to be 
bent. 

O=C=O 

Figure 17.3 Carbon dioxide 

(d) Methane, CH, 

There are four bond pairs, but no lone pairs (Figure 
17.4). At first sight the best arrangement is to make the 
molecule flat so that the bonds are at 90° to each other. 
However, it is possible to increase the angle between the 
bonds to over 109° if the molecule takes up a tetrahedral 
shape. The perfect tetrahedral angle is 109° 28’, i.e. 
almost 109.5°. Compounds that have only single bonds 
to carbon atoms have shapes that are all based on a 
tetrahedron. 

Figure 17.4 Methane 

(e) Ammonia, NH, 

There are three bond pairs and the nitrogen has one lone 
pair (Figure 17.5). If there were four bond pairs we 
would predict the same perfectly tetrahedral shape as 
methane. However, the lone pair makes a difference. The 
greater repulsion between the lone pair and the bond 
pairs means that the angle between them will be greater 
than the angle between the bond pairs. The ammonia 
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molecule is a slightly distorted tetrahedron with the 
H—N-H bond angle equal to 107°. 

Figure 17.5 Ammonia 

(f) Water, H,O 

Here there are two bond pairs together with two lone 
pairs on the oxygen atom (Figure 17.6). The effect of 
the two lone pairs is to squeeze the two bond pairs even 
further together than they are in ammonia. The H-O—H 
angle is 104.5°. 

Q® 
yx 

H H 

Figure 17.6 Water 

17.3. The isoelectronic rule 

The word ‘isoelectronic’ means ‘having the same num- 
ber of electrons’. In what follows we shall talk about 
molecules or ions with the same number of valence 
electrons as being isoelectronic. The isoelectronic rule 
says that: 

Molecules or ions that are isoelectronic will | 
have similar shapes. 

We can split the more common molecules into four 
types. They have either two, three, four, or five atoms. 
We can write their general formulae as AB, AB,, AB, 
and AB,. The simplest type, AB, are bound to be linear. 
Molecules of the other types can have a variety of 
shapes. / 

To begin with, let us use our previous examples of 
beryllium chloride and carbon dioxide. These are the 
AB, type, and both are linear. The question is, are they 
isoelectronic (as far as their valence electrons are con- 
cerned)? If you look at Table 17.3 you will see that they 
are: both have 16 valence electrons in total. AB, mol- 
ecules like NO, and OCI, that do not have 16 valence 
electrons are not linear. These molecules have a lone 
pair, which is responsible for distorting the shape. 

The triangular planar molecules BCI, and AICI, both 
have 24 valence electrons, whereas PCI,, which does not 
have 24 valence electrons, is pyramidal. Needless to say 
PCl, has a lone pair on the phosphorus atom. The lone 
pair pushes the phosphorus—chlorine bonds down. Mol- 
ecules of the type AB, are not very common, but both 
CCl, and SiCl,, which have 32 valence electrons, are 
tetrahedral. These results are summarised in Table 17.4. 



Table 17.3. Numbers of valence electrons for some molecules 

Molecule Valence electrons of atoms Total valence Shape 
electrons 

BeCl, Bew2s4 Gli2s72p° +(2X7) = 16 Linear 

CO, G292572p4 @:ge2s22p" +(2x6) = 16 Linear 
NO, Neae2se2p> O31 25-2p" +(2X6) =17 Bent 

OCcl, Os 2s22p7 Cl: 2522p° +(2X7) = 20 Bent 

BCl, B2 2522p Gl 25221p> +(3X7) = 24 Planar 

AICI, Al: 3s?3p Cle2S22 pF +(3X7) = 24 Planar 
r@s Ip: 38-32 Gh? 2522p? +(3X7) = 26 Pyramidal 

ec] Gre 2s-2p- Gk 2s ar eer T)\ = 32 Tetrahedral 
SiCl, Si: 3873p? Gly 2522p? 4+ (4X7) = 32 Tetrahedral 

Table 17.4. The isoelectronic rule and ‘magic’ 

numbers 

Molecule type ‘Magic’ number* Shape 

AB, 16 Linear 

AB; 24 Planar 
AB, 32 Tetrahedral 

*Molecules without these numbers are often distorted. 
However, those with hydrogen bonded to the atom A (AH,, 
AH,, AH,), e.g. OH, (water), NH;, CH,, do not fit the rule 

17.4. Hybridisation 

There are one or two problems lurking in the back- 
ground of the work we have done on bonding and 
shapes of molecules. One of them is about explaining 
why, for example, methane has four bonds rather than 
two or three. Another problem is how s and p orbitals 
can give rise to bonding orbitals that take up such a wide 
range of angles to one another. We shall take these two 
problems in turn and use methane as our example. 

(a) Why are there four bonds in methane? 

Look again at the ground state electron structure of car- 
bon, as shown in Figure 17.7. You can see that, although 
there are four valence electrons, two of them (the 2s 
electrons) are paired, and have different energies from 
the two 2p electrons. If we imagine hydrogen atoms 
approaching a carbon atom, we can easily see how two 
carbon—hydrogen bonds can form. The two unpaired 

|e em a 

2s 4 

Is + 

Figure 17.7 The ground state electron structure of carbon 

hydrogen electrons could pair up with the two unpaired 
2p carbon electrons. This would give us a formula of 
CH,; but how do the other two bonds come about to give 
CH,? One answer is that one of the 2s electrons is pro- 
moted to the empty 2p orbital. If this happens, there will 
be four unpaired electrons able to make four bonds 
(Figure 17.8). 

The question is, where does the energy come from to 
excite the 2s electron into the empty 2p orbital? Before 
answering this, we should give a little more thought to 
the problem. At some stage during the reaction, hydro- 
gen atoms must attach themselves to the carbon atom. 
Each hydrogen atom that comes near the carbon atom 
brings the electric charge of its proton and electron. This 
extra charge is bound to upset the energies of the 
electrons in the carbon atom. That is, we are not entitled 
to think that the energy level diagram of the ground state 
is the correct diagram for a carbon atom during a reac- 
tion. As a consequence we are unlikely to be right in 
thinking that the reaction happens in separate stages 
where first the 2s electron gains energy, goes into the 
empty 2p orbital, and then the reaction takes place. 
Things are certainly not as straightforward as this. 

However, energy is needed at some stage to unpair the 
2s electrons. We believe that the driving force for the 
reaction is the large amount of energy (about 1700 kJ 
mol!) released when four carbon—hydrogen bonds are 
made. Some of this energy goes into unpairing the 2s 
electrons. 

2s 

» bob Ht 
—— 

—H-— 1s 

Figure 17.8 The electron structure for a carbon atom that has 
gained sufficient energy for one of its 2s electrons to enter the 
empty 2p orbital. There are now four unpaired electrons. 
(Note: as this is a hypothetical state of a carbon atom we 
cannot say what the orientations of the spins would be. For 
this reason the heads are left off the arrows) 

Shapes of molecules 97 



(b) How dos and p orbitals combine to give 
four bonds at 109.5° to each other? 

Let us take for granted the idea that a 2s electron of 
carbon is promoted to a 2p orbital. Then we have four 
orbitals available for bonding but, as they stand, one is 
spherically symmetric and the other three point at right 
angles to one another. 

To explain how these orbitals give rise to four bonds 
pointing to the corners of a tetrahedron you would need 
to know a great deal more about Schr6édinger’s wave 
theory than is possible at this level of chemistry. For the 
present, you may just have to accept that one 2s and 
three 2p orbitals can overlap and interfere with one 
another in such a way that four new orbitals appear. The 
name of the theory that lies behind this method of com- 
bining orbitals is called hybridisation. When one s and 
three p orbitals combine together the orbitals they make 
are called sp’ hybrid orbitals. 

It is possible to produce a wide range of different hybrid 
orbitals. For example, this can be done by mixing one s 
and two p orbitals to give a set of three sp? hybrid 
orbitals. These take up the shape of the orbitals in boron 
trichloride. It is possible to obtain some really fancy 
shapes by mixing d orbitals with s and p orbitals. You 
will find a number of examples in Table 17.5 and Figure 
LT): 

Hybridisation is a useful theory, but we should be 
careful not to misunderstand it. The theory does not 
predict the shapes of molecules. We have to find out the 
shape of a molecule from experiment before we can 
decide which orbitals to combine. Also, atoms do not 
know anything about hybridisation. Hybridisation is not 
a property of molecules like, for example, their shape or 
mass. The theory has been made up by chemists, and not 
all chemists like the theory. If you believe in valence 
bond theory, then you may like hybridisation theory; if 
you prefer molecular orbital theory, then you may prefer 
to do without the theory. Often electron repulsion 
theory gives us a believable explanation of why mol- 
ecules adopt one shape rather than another. 

Table 17.5. Some examples of hybrid orbitals 

Hybrid* Number of Shape of Example 
hybrid molecule 
orbitals 

sp 2 Linear BeCl, 
sp? 3 Triangular planar BCI, 
sp’ 4 Tetrahedral CH, 
dsp? 4 Square planar XeF, 
dsp’ 5 Trigonal bipyramid PCI, 
d’sp? 6 Octahedral Co(NH;),7*, SF, 
d’s 4 Tetrahedral MnO, 

*dsp* is the combination 4s, 3px, 3py, 3dy2—y2 
dsp’ is the combination 4s, 3px, 3py, 3pz, 3d2 
d’sp’ is the combination 4s, 3px, 3Py, 3Pz, 3dz2, 3dy2-y2 
d’s is the combination 4s, 3d,y, 3dyz, 3d, 
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You should now be in a good position to use the 
theory and apply it to many, if not all, the molecules that 
you come across. Probably you will know by now that 
even the best of theories has the annoying habit of not 
working perfectly all the time; and so it is' with this 
theory. There are a number of factors that we have not 
taken into account. One of these is that the shape that a 
molecule takes up can be different depending on 
whether the molecule exists as a gas or as a solid. We 
have applied the theory only to individual molecules, as 
if they were all gases. In a solid, the structure of the 
molecule can be disturbed by the electron clouds of 
neighbouring molecules. This means that bonding pairs 
and lone pairs are not the only repulsions to be con- 
sidered. Indeed, molecules that are separate in a gas can 
join to form new structures when in the solid state. 
Sometimes this happens through the formation of the 
type of covalent bonding called dative covalent bonding 
or coordinate bonding that we considered in Unit 15. 

17.1. A student wrote the following explanation of 
why methane is tetrahedral: 

The only correct way of describing the bonding in 
methane is to form sp° hybrid orbitals. These orbitals 
predict that the methane molecule should be tetra- 
hedral. This agrees with experiment and proves the 
theory of hybridisation to be correct. 

Write a few sentences explaining why the student 
has misunderstood the theory of hybridisation. 

17.2 Draw dot-and-cross diagrams for the following 
molecules. Then use electron repulsion theory to 
predict or explain their shapes. 

(i) Tetrachloromethane, CCl). 

(ii) Hydrogen sulphide, H,S. 

(iii) Nitrogen trifluoride, NF. 

(iv) Nitrogen monoxide, NO. 

(v) Aluminium trichloride, AICl,. 

17.3. How many valence electrons do (i) NF, and (ii) 
SO, have? What does the isoelectronic rule predict 
for their shapes? 

17.4 The ethene molecule, C,H,, has a pi bond 
between the two carbons. If we ignore this bond and 
just draw the sigma bonds, the molecule looks like 
this: 

The angle between the bonds is approximately 120°. 
If you use hybridisation to explain this shape, what 
type of hybridisation would you need? 
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Figure 17.9 The shapes of molecules listed in Table 17.5 
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Answers 

17.1. The student has things in a muddle. For one 
thing, there is another explanation of the bonding in 
methane, and that is molecular orbital theory. Also, sp* 
hybridisation is chosen because the molecule is tetra- 
hedral. Therefore the hybrids are bound to give a tetra- 
hedral molecule; we would not use them if they gave 
some other shape. The fact that the sp* hybrids are 
tetrahedral does not prove hybridisation to be correct. 

17.2 The diagrams are drawn in Figure 17.10. 

(i) Four bond pairs; no lone pairs; tetrahedral. 

(ii) Two bond pairs; two lone pairs; bent, like water. 

(iii) Three bond pairs; one lone pair; pyramidal, like 
ammonia. 

(iv) All diatomic molecules must be linear. 

(v) Three bond pairs; no lone pairs; planar like BCI. 

17.3 (i) Nitrogen’s valence electrons are 2s72p°; .N X Notice there is an’ unpaired 
fluorine’s are 2s°2p°. The total number of valence : x electron. (All diatomic molecules 
electrons for NF, is 5+ (3 x 7) = 26. The ‘magic’ number exons must be linear) 

for a planar AB, molecule is 24, so the molecule should : 
be pyramidal; experiment shows that it is. 

(ii) Sulphur’s valence electrons are 3s?3p*; oxygen’s are 
2s°2p*. The total number of valence electrons for SO, is cl 
6+(2x6)=18. The ‘magic’ number is 16 for a linear XX C Pea 
molecule. Thus we would expect SO, to be bent, as ’ Al] 
indeed it is. It has a lone pair on the sulphur. x aC 

17.4 sp* hybridisation gives three bonds at 120° to 
each other. Figure 17.10 Diagrams for answer to question 17.2 

UNIT 17 SUMMARY 

@ The shapes of molecules and ions can be explained by @ Hybridisation is a theory that mixes orbitals in sucha 
electron repulsion theory: way that they match the observed shapes of 
Molecules take up the shape that minimises the molecules. For example, the tetrahedral shape of 
repulsions between the bonding and lone pairs of methane is matched by mixing the single 2s orbital 
electrons. and the three 2p orbitals on carbon to give a set of 

@ The isoelectronic rule: four sp* hybrid orbitals. 
Molecules or ions that are isoelectronic will have 

similar shapes. 
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Ionic bonding 

18.1 Covalent substances have some 

ionic character 

At the heart of both valence bond and molecular orbital 
theory is the idea that atoms join by sharing their 
electrons. In other words, both theories concentrate on 
covalent bonding. However, it would be unwise to 
think that there is such a thing as completely pure 
covalent bonding. For example, we have already said 
that the hydrogen molecule is covalently bonded; and so 
it is. But, it is not 100% covalently bonded. Imagine the 
two electrons in the molecule careering around the mol- 
ecule. For some of the time there is a chance, albeit a 
small one, that both electrons could find themselves at 
the same end of the molecule. This would give that end 
of the molecule an overall negative charge, and leave the 
other end with a positive charge (Figure 18.1). The force 
that holds the molecule together for this fleeting moment 
is due to the attraction between one end that has the 
appearance of an H* ion and the other that looks like an 
H- ion. Thus we can see that even in hydrogen there is at 
least a little ionic bonding. Indeed, every molecule that we 
would call covalent also has some ionic character. 

e 

e 
© ® 
H H 

t t 
This end This end left with 
left with a a negative charge 

positive charge 

Figure 18.1 Even in a covalent molecule like hydrogen there 
are brief periods of time when the charge is not spread evenly 
over both atoms. This leads to the molecule having some ionic 

character 

18.2 onic substances have some 

covalent character 

Many substances are classified as ionic compounds. They 
are said to contain positive and negative ions, with the 
compound held together by the attractions between the 

oppositely charged ions. The most famous example is 
sodium chloride, NaCl. 

If X-rays are passed through a crystal of sodium 
chloride, the X-rays are influenced by the electrons 
belonging to the sodium and the chlorine. Where there 
are more electrons in a given volume, the stronger is the 
influence. We can put this in another way by saying that 
the X-rays are strongly affected by regions of high 
electron density. The lines in Figure 18.2 are contour 
lines of electron density for part of a sodium chloride 
crystal. Where the lines are close together, the electron 

“density is high, and vice versa. The pattern provides 
strong evidence that there are two centres around which 
the electrons congregate. It also shows that there is little 
electron density between the two nuclei. 

This electron density diagram is often said to give clear 
evidence that sodium chloride contains sodium ions, 
Na*, and chloride ions, Cl~. However, the evidence is 
not so clear cut as we might think. In the first place, if the 

Interpreted 
as C|—> 

Figure 18.2 Contours of electron density in sodium chloride 
obtained by interpreting X-ray diffraction patterns. (Adapted 
from: Witte, H. and Wolfel, E. (1958). Rev. Mod. Phys. 30, 

51-5) 
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= Sodium ions 

= Chloride ions 

Formula, Na Cl 

’ Figure 18.3 Part of a sodium chloride lattice. The chloride 
ions are represented by the larger spheres, and the sodium 
ions by the smaller spheres. Only the outer layers of ions are 
shown shaded 

electron density around each of the nuclei is added up, 
the result is not very different from that expected for 
uncharged sodium and chlorine atoms. Secondly, the 
distance of the chlorine nucleus from the sodium 
nucleus is sufficiently short that the 3s orbital on a 
sodium atom could reach and overlap with the charge 
cloud around the chlorine nucleus. That is, some sharing 
of electrons between the sodium and chlorine is likely to 
take place. It is difficult to give a reliable estimate for the 
proportion of covalent nature in sodium chloride. Some 

estimates put it as high as 30%. Whatever the figure, the 
important thing to realise is that the picture of a sodium 
chloride crystal containing Na* and Cl ions is a simpli- 
fied one (Figure 18.3). 

A similar statement is true of any ‘ionic’ compound: 
there will always be some covalency present. 

18.3 Other evidence that a 

substance contains ions 

We have very good reason to think that true ions can 
exist. For example, they are formed when an atom is 
ionised in a gas and we measure the ionisation energy. 
However, this tells us nothing about the presence, or 
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Table 18.1. Evidence that a compound is ionic 

Evidence Comments 

Substance exists as a solid at 
room temperature with a 
high melting point 

Does not conduct electricity 
in the solid but conducts if 

molten or in solution* 

Has an electron density dia- 
gram that shows little shar- 
ing of electrons 

Lattice energy can be accu- 
rately calculated by assum- 
ing that true ions are pre- 
sent 

Many substances, like dia- 
mond, silica and organic 
polymers, are such solids, 
but are covalent : 

Heating, dissolving, or pas- 
sing electricity may disrupt 
the bonding, and help true 
ions to be made from par- 
tial ions in the solid 

The diagram may be hard to 
interpret and not give a 
complete answer 

This can be successful, but 
does not always agree with 
predictions made from 
other evidence 

*Often, just below the melting point of an ionic solid the ions 
can move sufficiently well within the crystal lattice to allow 
some conduction to take place 

absence, of ions ina compound. You will find the type of 
evidence that a substance is ionic in Table 18.1. 

The comments in Table 18.1 illustrate some of the 
difficulties with judging how good the evidence is. You 
will find details of the evidence from calculations of the 
lattice energy in Unit 46. We have already mentioned 
problems over evidence from X-ray diffraction. 
We know that when some substances, like sodium 

chloride, are dissolved in water then the solution con- 
ducts electricity very efficiently. The conduction of elec- 
tricity can best be explained by the presence of ions in 
the solution. When the ions break free from the crystal 
they can conduct the current through the solution: the 
ions become free to move (Figure 18.4). However, this 
does not prove that the substance itself contains com- 
plete, separate, positive and negative ions. In almost all 
cases there is an energy change when a substance dis- 
solves in water. That is, heat is either given out or taken 
in. This tells us that there is a reaction taking place 
between the water and the solid. The ions in the solution 
could quite easily be the product of the reaction, rather 
than being there in the solid before the reaction. We 
shall examine this in more detail in Unit 60. 

You may now realise that when we say that a com- 
pound is an ‘ionic compound’ we are using a type of 
chemical shorthand that nearly everyone uses. It means 
that the bonding in the substance is mainly ionic, but 
there is likely to be a significant amount of covalent 
bonding helping to hold the substance together. The key 
thing is that we talk, and write, about the substance as if 
the covalent contribution to the bonding were not there. 
There is nothing wrong with this provided you realise 
that it is a shorthand. The label ‘ionic’ is an idealisation, 
which may not reflect the true state of bonding. From 
now on we shall, like everyone else, use the shorthand. 



Solid 

Too few ions to 
give sufficient 
current to light 
the bulb 

Solid dissolved 
in water gives ions. 

The ions are free to 
move and conduct 
very easily: the 
bulb lights up 

Figure 18.4 This test should be treated carefully. If the bulb lights, there are ions present. However, the solid may not be ionic — it 

might react with water to make ions that were not present originally. (Aluminium trichloride does this) 

18.4 Which elements make ionic 

compounds? 

Essentially we need an atom that easily loses one or 
more of its electrons, and one that can accept them. The 
metals in Group I and Group II of the Periodic Table have 
the greatest tendency to lose electrons and turn into 
positive ions. The non-metals of Groups VI and VII have 

Figure 18.5 Elements that give the most ionic compounds are 
to be found in Groups | and Il, combining with fluorine, 
oxygen, or chlorine. However, many other combinations of 
elements lead to ionic compounds as well 

the greatest affinity for electrons, and readily change into 
negative ions. The relative ease with which these ele- 
ments make ions is summarised in Figure 18.5. If you 

want to find two elements that are bound to make an 

ionic compound, choose a metal towards the bottom of 

Group I and a non-metal towards the top of Group VII. 

For example, rubidium fluoride, Rb*F~, and potassium 

chloride, K*Cl-, are both distinctly ionic. There are 

many other examples, of course, often involving Groups 

Il and VI. Magnesium oxide, Mg?*O7~, is an example. 

If you would like to find out the reason why elements 

to the left-hand side of a Period in the Periodic Table turn 

into positive ions, while those to the right-hand side give 

negative ions, read Unit 87. 

18.5 Why do ionic compounds 
exist? 

The full answer to this question we must leave until you 
have worked through the units on thermodynamics 
(especially Unit 46). However, we can make some prog- 
ress by saying that, once an ionic compound starts to be 
made, it is the attractions between the oppositely charged ions 
that keep an ionic crystal together. (There is a large number 
of repulsions between the ions having the same charge, 
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Chloride ion, Cl 

'S) Sodium ion, Na* 

Figure 18.6 There are attractions between the oppositely 
charged sodium and chloride ions, but repulsions between 
ions of the same charge. Overall the attractions win over the 
repulsions. (Note: the sodium and chloride ions are drawn the 
same size so that you can see the planes in the crystal struc- 
ture more clearly. In reality the chloride ion is larger than the 

* sodium ion) 

R = repulsions 

A = attractions 

Energy 

Na(s)+2Cl,(g) 

411 kJ mol | 

Na‘ Cl (s) 

Figure 18.7 Experiment shows that Na* CI" (s) is 411 kJ mol’ 
more energetically stable than the elements from which it is 
made 
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but these are outweighed by the attractions (Figure 
18.6).) As you should expect, there is a decrease in energy 
when sodium atoms and chlorine molecules react to 
make sodium chloride (Figure 18.7). The crystal has a 
smaller energy content than do the separate elements. 
The difference in energy between them is given out as 
heat. A reaction like this, which gives out heat, is called 
an exothermic reaction. 

18.6 lYonic compounds and electron 
structures 

In a previous chemistry course you may have discovered 
that the noble gases (helium, neon, argon, krypton and 
xenon) are very unreactive. These elements have 
electron structures that are particularly hard to disrupt. 
(However, it is possible to disrupt them: the noble gases 
will react sometimes.) 

This has led some people to believe that all other 
atoms react in order to gain the same electron structures 
as the noble gases. For example, when sodium forms a 
sodium ion, Nat, it loses one electron. Its electron struc- 
ture changes from Na:1s*2s?2p°3s to Na*:1s?2s?2p°®. The 
loss of the 3s electron means that the sodium ion has the 
same electron structure as the noble gas neon. In a 
similar fashion, when chlorine gains an electron to form 
Cl it then has the electron structure 1s?2s*2p°3s?3p°, 
the same as argon. It is possible to measure the energy 
needed to remove the 3s electron from sodium. This is 
the first ionisation energy (1st I.E.) of sodium. Its value is 
513kJ mol". This is a positive value, which means that 
we have to put energy in to the atom to get the electron 
out. We can also discover how much energy is released 
when a chlorine atom gains one electron to make a 
chloride ion. This is the first electron affinity (Ist E.A.) of 
chlorine; its value is —364kJ mol”. The minus sign 
means that the energy is released. (The electron is going 
down in energy when it moves from the outside world 
into the 3p orbital.) We can write the following equa- 
tions for these: 

Ist LE. =+513kJ mol”! 
lst E.A. = —364kJ mol! 

Na(g)— Na*(g) +e7; 
Cl(g) +e > CI“ (g); 

We can draw some conclusions from these values 
(Figure 18.8). First, for sodium it is not energetically 
favourable to gain the noble gas electron structure of 
neon. On the other hand, it is energetically favourable 
for chlorine to gain the noble gas electron structure of 
argon. Secondly, if we take both processes together, we 
have to put 513 kJ mol"! of energy in, but we only get 
364kJ mol”! out. The overall process is energetically 
unfavourable to the tune of 149 kJ mol". Clearly, it is not 
true that ‘elements react in order to gain a noble gas 
electron structure’. Things are much more complicated 
than this. For the present we need not go into more 
detail except to say that it is the attractions in the crystal 
that cause atoms to make ions. 



Energy 

Na‘(g) +e. 

500 kJ mol! 

Na(g) ‘ 

Energy 

Cl(g) +e 

364 kJ mol! 

Cl (g) 

Figure 18.8 Energy level diagrams for the processes 
Na(g)—Na*(g)+e” and Ci(g)+e —CI(g). The first is 
energetically unfavourable. The second is energetically 
favourable. (The diagrams are not drawn to scale) 

18.1 A student wrote the following: ‘Hydrogen 
chloride gas dissolves very easily in water. The solu- 
tion conducted electricity well. This proves there were 
ions present and that hydrogen chloride is an ionic 
substance.’ 

What was wrong with the student’s reasoning? 

18.2 You will need the following information for this 
question (I.E.=ionisation energy; E.A.= electron 
affinity): 

Mg(g)—>Mg*(g)+e-; 1st |.E.=+738kJ mol-' 

Mg*(g)—> Mg?*(g) + e7; 2nd I.E. = +1451 kJ: mol! 

O(g) +e- > O-(g); 1st E.A.=—141.4kJ mol! 

O-(g)+e-—>O07-(g);_ 2nd E.A.= +790.8kJ mol’ 

(i) What is the total energy change to produce an 
Mg?*(g) ion from Mg(g)? 

(ii) What is the total energy change to produce an 
O?-(g) ion from O(g)? 

(iii) Criticise the following statement about 
magnesium oxide, which is an ionic compound con- 
sisting of Mg2* and O?- ions: ‘Magnesium forms Mg** 
ions and oxygen forms O?- ions so that both ele- 
ments can reach the nearest noble gas electron 

structure.’ 

(iv) What is an important difference between the ions 
as they appear in the equations for ionisation 
energies and electron affinities, and the ions in a real 
ionic compound? 

18.3 A sample of lead(I!) bromide, PbBr,, was pla- 
ced in a crucible. The ends of two carbon electrodes 
were put in the solid and connected to a lamp and 
power pack. At first the lamp did not light, but when 
the bromide was heated and began to melt the lamp 

began to glow. 
Explain these observations. 

18.4 If metals and non-metals often react to give 
ionic compounds, which combinations of elements 
generally give covalent compounds? 
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Answers 

18.1 The student was right about there being ions in 
the water (they were H,O* and Cl-). However, hydrogen 
chloride is a gas at room temperature, -so it is most 
unlikely to be an ionic substance. The ions in solution 
are produced when the gas molecules react with the 
water: 

HCl(g) + H,O(I) > H3,0* (aq) + Cl (aq) 

18.2 (i) +2189kJ mol’. 
(ii) +649.4kJ mol’. 
(iii) The two figures you have calculated are both posi- 
tive, i.e. energy has to be put in to bring them about. If it 
were just a matter of the elements forming noble gas 
structures, magnesium oxide would not exist. In fact, the 

formation of MgO appears to be even less favourable 
than NaCl. It is energetically unfavourable to produce 
O? ions because of the large positive value for the 
second electron affinity of oxygen. Once the O- ion is 
formed, we have to put energy in to overcome the repul- 
sion between the negative charge on the ion and the 
second electron. 

(iv) The key difference is that the equations for ionisa- 

tion energies and electron affinities are for atoms and 
ions in the gaseous state. In practice the ions are found 
in (solid) crystals. It is the attractions in the crystal that 
make all the difference in deciding whether an ionic 
compound will exist. 

18.3 The glowing of the lamp tells us that the solid 
conducts when molten. Therefore we can assume that 
there are ions in the liquid, which are free to move. The 
heat has disrupted the crystal structure. In the cold, the 
ions are trapped in the crystal lattice. The experiment 
suggests that lead(I|) bromide is ionic. However, we can- 
not tell the degree of ionic’ character from this 
experiment. 

18.4 If you think of some common liquids or gases (i.e. 
substances with low melting and boiling points) you will 
hit upon the right answer. For example, ammonia, NH, 

carbon dioxide, CO,, and methane, CH,, are all gases 

and covalent. Covalent substances are often made from 
combinations of non-metals. However, not all covalent 

substances have low melting points. Silica (sand), SiO., 
is a case in point. 

UNIT 18 SUMMARY 

@ Full ionic bonding occurs when there is a complete (i) It is a solid with high melting and boiling 
transfer of one or more electrons from one atom to points. 
another in a compound. (ii) It conducts electricity when molten, but not as 

e@ In practice, all compounds show a mix of ionic and a solid. 
covalent character. 

@ Signs that a compound may be ionic include: 
(iii) It is made from a combination of metal and 

non-metal elements. 
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Polar molecules and polar bonds 

19.1 What is a polar molecule? 

Hydrogen chloride is a good example of a polar mol- 
ecule. Imagine a hydrogen atom and a chlorine atom 
coming close together and forming a bond. If you were 
one of the two electrons in the bond you would feel two 
attractions; one for the 17 protons in the chlorine 
nucleus, and one for the single proton belonging to the 
hydrogen atom. In spite of the shielding of the chlorine 
nucleus, the chlorine tends to win the competition. You 
would be drawn towards the chlorine and away from 
the hydrogen nucleus. Remember, though, that the 
electrons in a molecule are far from being stationary. 
Each electron in the bond would still have a chance of 
being found near the hydrogen, but a higher probability 
of being nearer the chlorine. Figure 19.1 gives an 
impression of the spread of the electron charge cloud in 
hydrogen chloride. 

6+ Onn 

Figure 19.1 The sigma orbital in hydrogen chloride is ‘fatter’ 
at the chlorine end; the electrons spend more of their time 

nearer to the chlorine than the hydrogen 

The result of this uneven distribution of charge is that 
one end of the molecule has a slight positive charge, and 
the other a slight negative charge. These slight charges 
are shown by the symbols 6+ and 6— respectively (6 is 
the Greek letter ‘delta’). 

Hydrogen chloride is called a polar molecule because of 
its uneven distribution of charge. Notice that hydrogen 
chloride is a molecule; that is, it is predominantly 
covalent. Its small 6+ and 6— charges do not make it an 
ionic substance. 
Many molecules are polar, some of which are shown 

in Figure 19.2. 

O 
oN 

Water, H»O san Jal Jala 

6— 

i J Ammonia, NH3 re 

Bie lal H 54 

H 
6+ 

5+ o- 

Hydrogen fluoride, HF jue 

OS 

ok toes 0) 
FuaysGiienll k SC. 

Ethanol, CoH5s0H EL ah H 

H 

H 

| 
Bie€ 
Ho \ 6+ o- 

Propanone, (CH3)2C O . ye 

H—C 
| 
H 

Figure 19.2 Examples of polar molecules 

19.2. Polar bonds and 
electronegativities 

One way of predicting whether a molecule is polar is to 
use values of electronegativity. Electronegativity is a 
measure we use to tell us how well an element attracts 
electrons in a bond. The elements fluorine and chlorine 
tend to attract electrons to themselves very strongly. 
These elements have high values of electronegativity. On 
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Table 19.1. Electronegativity values for some 
élements* 

(a) Pauling scale 

\ 24 

Li Be B fe: N (¢ F 
1.0 eS) 2.0 WD) 3.0 e 4.0 

Na Mg Al Si P ‘ cl 
0.9 12, 155 1.8 Piel | 2 3.0 

K Ca Ga Ge As Se Br 

0.8 1.0 1.6 1.8 2.0 2.4 2.8 

Rb Sr In Sn Sb Te I 

0.8 EO a5 1.8 1.9 Dl ed) 

(b) Allred—Rochow scale 

H 

pal 

Li Be B (E N O F 

1.0 1 2.0 2D Bail 3.5 4.] 

Na Mg Al Si Pp S Cl 
1.0 1.3 15 1.8 Za 2.4 2.9 

K Ca Ga Ge As Se Br 

0.9 ital 7 48 220) Dee, 2.5 2.8 

Rb Sr In Sn Sb Te I 

0.9 1.0 eS We 1.8 2.0 Papi 

‘ *Notice that electronegativity increases across a Period, and 
decreases down a Group (just like ionisation energy) 

the other hand, metals like sodium or potassium very 
rarely form negative ions. On the contrary they tend to 
lose an electron to make positive ions. These elements 
have low electronegativities. You will find values for 
some elements in Table 19.1. 

The first set were calculated by Linus Pauling in the 
1930s. On his scale, elements are given electronegativi- 
ties calculated from values of their bond energies. 

Another scale of electronegativities was invented by A. 
L. Allred and E. G. Rochow in 1958. They used a method 
that estimated the shielding effect of the various 
electrons in an atom. This allowed them to work out the 
effective nuclear charge that an electron some short dis- 
tance away would feel. Having calculated the attractive 
force on the electron, they converted their result to give 
numbers roughly in the range 1 to 4. They chose this 
scale so that it would give similar figures to Pauling’s 
scale. 

You can see parts of both scales in Table 19.1. Paul- 
ing’s scale is the most widely used, and we shall use his 
figures in the rest of the book. 

Electronegativity values have to be used carefully 
because they are not direct properties of elements. We 
cannot measure an electronegativity; we can only use 
one of the scales and see how well predictions made 
from it fit with the results of experiment (Table 19.2). In 
particular, the differences between values are often cor- 
related with the degree of ionic character in a bond. 
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Table 19.2. Predictions from electronegativity 
values 

Electronegativity Prediction Examples 
values 

Identical Non-polar covalent bond H,, Cl, 0, 
Slightly different Polar covalent bond* 
Very different Ionic bond formed 

HCI, NO, BCI, 
RbF, NaCl, MgO 

*The presence of polar bonds does not guarantee that a 
molecule is polar 

As we have seen, the bond in hydrogen chloride has 
an uneven distribution of charge at each end. That is, the 
bond is polar. Because hydrogen chloride is a molecule 
with only one bond, the molecule must be polar as 
well. This fits with the difference of 0.9 in their electro- 
negativity values, and corresponds to around 20% ionic 
character. The values for sodium and chlorine are 2.1 
units apart, which works out at nearly 65% ionic 
character. 

19.3 Polar molecules and dipole 
moments 

Electronegativities are not properties of atoms like their 
masses or spectra: there are no machines that we can use 
to measure electronegativities. The different scales that 
have been used from time to time have proved useful in 
some ways; for example, in explaining why hydrogen 
chloride is polar. But if you think about what you have 
read in the previous section, one or two things might 
worry you. In particular, you have not been given any 
experimental evidence that shows that hydrogen 
chloride really is polar. Fortunately such evidence does 
exist. It comes from measuring the dipole moment of the 
molecule. 

Suppose a negative and a positive charge are kept 
apart from one another as shown in Figure 19.3. This 
arrangement defines an electric dipole moment, or just 
dipole moment for short. The size of the dipole moment 
is given by multiplying the size of the charge by the 
distance apart, i.e. 

u=qxXr Dipole moment 

+ ve g ; q 

o<______—_—_—__ Pe 

Dipole 
moment 

w=qr 

Figure 19.3 Two charges, +q and —q, separated by a dis- 
tance r possess a dipole moment. (The symbol for a dipole 
moment is +—) 
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Molecules with 
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Charging the plates 
causes the molecules 

to line up in the 
same direction 

Figure 19.4 The tendency of molecules with a dipole moment 
to line up in an electric field can be used to measure their 
dipole moments. (In practice they never line up perfectly — 
surrounding molecules jostle some of them out of position) 

It is possible to measure the size of a dipole moment. 
Suppose you were to set up two sets of metal plates as 
shown in Figure 19.4. Between one set of plates you 
place molecules with a dipole moment, and between the 
other pair you put molecules with no dipole moment. 
Now imagine charging up each pair of plates so that one 
became negative and the other positive. The positive end 
of the dipoles will be attracted to the negative plate, and 
the negative end towards the positive plate. These mol- 
ecules tend to line up in the electric field between the 
plates. The field of the dipoles is in the opposite direction 
to the field between the plates. By using some sensitive 
electronics, the change in the field can be measured. On 
the other hand, the molecules without the dipole 
moment will not line up. They remain more or less 
randomly oriented so the electric field will change very 
little. 

You will find that, for the simpler molecules, the sizes 
of the dipole moments are (approximately) proportional 
to the difference between the electronegativities of the 
atoms (see Table 19.3). For the more complicated mol- 
ecules the matter is not so straightforward. The reason is 
that the dipole moments of the different bonds can 
reinforce one another, or in some cases cancel each other 
out. An example is tetrafluoromethane, CF, (Figure 
19.5). The electronegativity of carbon is 2.5, while that 
of fluorine is 4.0. This suggests that a carbon—fluorine 
bond should be polar, with the carbon being positive and 
the fluorine negative. However, even though CF, has 
four polar bonds, the molecule as a whole is not polar. 

Table 19.3. Table of dipole moments* 

Molecule Structure Dipole 
moment/D 

= 

Hydrogen fluoride Oop) O= 1.91 

+= 

Hydrogen chloride 8+ H—C] °- 1.08 

— 

Hydrogen bromide o+ H—Br °- 0.80 

Hydrogen iodide 5+ H— J o- 0.42 

OR 
Water Se. yet 1.85 

= 
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H She Nasi 5+ | 

Ethanol H Bees 1.68 

74 l H 

H 
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i 5+ 

Propanone a a Ses, 1.30 

H Cassie ie 

ine 
Cl 

Chlorobenzene eos, 

6+ 

- cl ¥ 

1,2-Dichlorobenzene oF $= 22> 

5+ * 
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Cl 
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Cl 
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Table 19.3. — Cont. 

Molecule Structure Dipole 

moment/D 

b+ 

NH, 

Phenylamine 1533) 

a= 

6+ OH 

Phenol 1.45 

3) = 

= 

Nitrobenzene 4.22 

b+ 

——————— 
{o) = 

6 - Cl aS rs) Trichloromethane GG ree 1.02 

Gla 

*Dipole moments are usually stated in debyes (D). One 
debye equals 3.34x10°-*° Cm 

Figure 19.5 Although tetrafluoromethane has four polar 
bonds, the molecule as a whole is not polar. This often hap- 
pens with highly symmetric molecules 

The reason lies in the symmetrical arrangement of the 
bonds, and their dipole moments. The four dipole 
moments cancel out. 

Further examples are the dichlorobenzenes listed in 
Table 19.3. The ways the dipoles combine are shown in 
Figure 19.6. 

In some molecules the presence of highly electronega- 
tive atoms can affect bonds some distance away in the 
molecule. Trichloromethane, CHCl,, isan example. Here 
the three highly electronegative chlorine atoms pull 
electrons towards them, away from the central carbon; 
this in turn causes electrons to be drawn towards the 
carbon from the hydrogen—carbon bond (Figure 19.7). 
In this way the hydrogen atom has a greater degree of 
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Resultant 
El dipole Cl 

Resultant 
Cl dipole 

Cl 

1,2—-Dichlorobenzene 1,3-Dichlorobenzene 

Cl 

Dipoles cancel: 
no resultant moment 

Cl 

1,4-Dichlorobenzene 

Figure 19.6 Two of the dichlorobenzenes have dipole 
moments; the third does not 

Cl Chlorine draws electrons 

towards itself 

<_—_—_——+ 

Figure 19.7 The chlorine atoms in trichloromethane draw 
electrons towards them. They show a negative inductive 
effect 

positive charge than we would expect in an ‘ordinary’ 
carbon—hydrogen bond. The electron withdrawing 
chlorine atoms are said to exert a negative inductive effect. 
There are groups of atoms that can exert a positive 
inductive effect, but we shall ignore them until later 
(Unit 112). 

19.1. Which of the following molecules would you 
predict to be polar: hydrogen sulphide, H.S; boron 
trichloride, BCl,; tetrachloromethane, CCl,; ethane, 
C.H,; carbon monoxide, CO? 

19.2 Look at the diagrams of the two molecules in 
Figure 19.8. Would the molecules have a dipole 
moment? 

Cl Gl 
\ i N 
C16 G==G 

Hh \ / \ 
H H H 

cis-1,2-Dichloroethene trans-1,2-Dichloroethene 

Figure 19.8 Two forms of 1,2-dichloroethene 



19.4 Polarisability 

Imagine putting a large negative ion near to a small 
positive ion. Because the outer electrons of the large ion 
are far from the nucleus, they are not held very tightly. 
They will be attracted towards the positive ion. The 

—ion + ion 

Far apart: no influence on each other 

— ion + ion 

Closer together: the negative ion is polarised by the positive ion 

Even closer: the charge cloud of the negative ion merges with that 
of the positive ion; covalency results 

Figure 19.9 A small positive ion close to a larger negative ion 
will polarise the negative ion 

Table 19.4. Fajans’ rules 

An ionic compound will have a high degree of covalency if: 
The positive ion is small and highly charged and 
The negative ion is large (highly polarisable) 

An alternative version is: 
Covalency is promoted by a small cation and a large anion* 

*A cation is a positive ion; an anion is a negative ion 

charge cloud of the negative ion will be distorted. We say 
that the negative ion has been polarised by the positive 
ion (Figure 19.9); or that the large negative ion is highly 
polarisable. If we were to put a much smaller negative ion 
close to the positive ion, it would not be polarised so 
much. This is because the electrons would be held tightly 
by the nucleus and the charge cloud could not be so 
easily distorted. The smaller negative ion is only slightly 
polarisable. 

You should be able to understand that if a highly 
polarisable negative ion is placed near a small positive 
ion, then the charge cloud on the negative ion may 
spread over the region of influence of the positive ion. A 
degree of covalency results. 

The ideas that we have just met lie behind a set of rules 

known as Fajans’ rules. The rules, which are developed 

from a different set that Fajans published in 1924, are 

summarised in Table 19.4. In extreme cases, the com- 

pound may be almost entirely covalent. For example, the 
beryllium ion, Be?*, is so small that it manages to 
polarise any negative ion to such a degree that its com- 

pounds are predominantly covalent. 

19.3 A large negative ion is to some extent similar to 
a large atom or molecule. Because of their size, each 
of them will be highly polarisable. If you prefer, you 
could say that they were ‘soft’ or ‘squashy’. The 
meaning is the same: both will be easily distorted by a 
nearby electric field. Try to give a reason why highly 
polarisable atoms or molecules have a tendency to 
line up in an electric field, even though they might 
have no permanent dipole moment. 

19.4 Hydroxide ions react with iodomethane 
according to the equation 

OH + CH,I— CH,OH + I- 

In some books it is said that the iodine atom attracts 
electrons towards it, leaving the carbon atom slightly 
positively charged. The positive charge is claimed to 
be the reason why the hydroxide ion is attracted to 
the CH,I. What do you think of this reasoning? 

19.5 If a stream of water falls close to a charged 
rod, the stream is attracted to the rod (Figure 19.10). 

(i) Explain why the stream bends. 

(ii) Does this experiment prove that water molecules 
are polar? 

Charged rod 

SY 
Figure 19.10 A stream of water will bend towards a 

charged rod 
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Answers 

19.1. All the molecules have polar bonds, but only HS 
and CO are polar molecules. The others are non-polar 
because of the symmetrical arrangement of the bonds. 

19.2 The cis form has a dipole moment; the two 

dipoles of the trans form cancel out. 

| of Ok me eSEl Ee ay 

a irene ae ae 

cis trans 

19.3 If a highly polarisable molecule is placed in the 
apparatus sketched in Figure 19.11, it will be polarised 
by the field. The negative charge cloud of the electrons 
will be drawn towards the positive plate. That is, a dipole 
moment is. set up, or induced, in the atom or molecule. 

19.4 On Pauling’s scale carbon and iodine have the 
same electronegativity. On the Allred—Rochow scale 
carbon is more electronegative than iodine. Hence we 
have no reason to think that the carbon is positively 
charged compared with the iodine. The suggested 
reason for the reaction cannot be completely correct. 

19.5 (i) If the rod is positively charged, the oxygen 
atoms of the water molecules will be attracted towards it. 
This will swing the stream of water towards the rod. (If 

he 

oe 

Gs) 
Ce, 

When an electric field 
is put between the 

©) O 
t+t+tte¢te ¢t 

Molecules with 
no dipole moment 
have a uniform metal plates, the 
distribution of molecules are polarised 
charge by the field; i.e. the 

electrons are attracted 
more towards the positive 
plate. Temporary dipoles are 
induced by the field 

Figure 19.11 An electric field can cause a dipole to be set 
up in a molecule 

the rod is negative, the water molecules will have their 
hydrogen atoms pointing towards the rod.) 

(ii) No, it is not conclusive proof. We cannot be sure that 
the charge on the rod does not itself polarise the water 
molecules; i.e. strong electric fields can induce dipole 
moments in molecules. Once the dipoles are set up, 
then the molecules might be attracted towards the rod. 

UNIT 19 SUMMARY 

Electronegativity is a measure of how readily an 
atom will attract electrons towards itself. Non- 
metals have higher electronegativities than metals. 

A polar bond is made when two atoms of different 
electronegativities combine, e.g. HCl. 

A polar molecule has a non-uniform distribution of 
charge, e.g. HCl, H,O, NH;. Note that a molecule 
may be non-polar even though it has polar bonds, 
OG. (CCl 

A dipole moment is produced whenever there is a 
separation of positive and negative charges. 

An atom or molecule with a large polarisability will 
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have its electron cloud easily distorted by a 
neighbouring positive or negative charge. 

@ Fajans’ rules: 
An ionic compound will have a high degree of 
covalency if 
(i) the positive ion is small and highly charged 

and 
(ii) the negative ion is large (highly polarisable). 
An alternative version is: ; 

Covalency is promoted by a small cation and a 
large anion. 



20 
Intermolecular forces 

20.1 Where are intermolecular 

forces found? 

The noble gas helium will only turn to a liquid at the 

very low temperature of 4 K. The question is, why does it 

liquefy at all? For some reason, at 4 K helium atoms stick 

together, while at higher temperatures they do not stick 

together. Helium may be an extreme case in terms of the 

low temperature at which it liquefies, but other elements 

or covalent substances follow a similar pattern. For 

example, iodine exists as a black solid up to 456K 

(183°C). The solid contains a regular pattern of iodine 

molecules, I, (Figure 20.1). Above 456K the crystal 

breaks up and the molecules escape from the crystal, 

giving a purple vapour. 

Figure 20.1 The crystal structure of iodine. The crystal con- 

tains planes of |, molecules, with alternate planes staggered 

as shown in the diagram. One peculiarity of the crystal is that 

the distance between the layers is about 427 pm while the 

distance between molecules within the same plane is much 

shorter, 356 pm 

The forces that hold helium atoms, or covalent sub- 
stances like iodine, together in a liquid or solid are called 
intermolecular forces. If the forces are between atoms 
rather than molecules, we can speak about interatomic 
forces. Another name given to the forces is van der Waals 
forces after the Dutch chemist who first investigated the 
origin of the forces. An important point is that intermole- 
cular (or interatomic) forces are not meant to apply to 
the purely electrostatic forces that exist between 

oppositely charged ions. Likewise they do not include 

the forces that hold atoms together through covalent 

bonds, or hydrogen bonds (which we shall discuss in the 

following unit). 

20.2. What causes intermolecular 

forces? 

To find one answer to this question we shall begin with 
the single atom of Figure 20.2. On average the negative 
charge of the electrons in an atom is spread evenly 
around the nucleus. However, over very short periods of 
time (e.g. millionths of a second) the charge is not com- 
pletely evenly distributed. At times more electrons will 
be found on one side of the atom rather than the other 

(see Figure 20.2). If you look back to Unit 19 on polar 

molecules, you should recognise that the separation of 

positive and negative charge produces a dipole. Unlike 

Instantaneous 
dipole moment 

On average the negative charge For brief periods the 

of the electrons is spread electrons are more on 

evenly one side of an atom 
than another. This 
causes a short-lived 
dipole moment 

Figure 20.2 The origin of temporary dipole moments 

Intermolecular forces 113 



This dipole is 
induced by 

fe the first dipole 

Dipole | ow 
already 

a 
a 

present 

Figure 20.3 The dipole on one atom can induce a dipole on a 
neighbouring atom 

hydrogen chloride, which has a permanent dipole 
moment, the atom’s dipole moment is only temporary. 

Now, imagine that you were, watching another atom 
passing close to the atom with the dipole. You would see 
the electrons in the passing atom being repelled away 
from the negative end of the temporary dipole. The situ- 
ation is represented in Figure 20.3. For a moment the 
temporary dipole on the first atom has induced a new 
dipole on the second atom. These two dipoles will briefly 
attract one another. The force of attraction was first cal- 
culated by the German physicist Fritz London. For this 
reason the force of attraction between two temporary 
dipoles is known as a London force. Another name often 
used is to call the force a dispersion force. London, or 
dispersion, forces are just one type of intermolecular 
force. 

20.3 Dispersion forces and 
polarisability 

If our two atoms pass close to one another and are not 
travelling too quickly, the dispersion force may be strong 
enough to make them stick together. The way to make 
sure the atoms do not merely collide with one another 
and bounce off without sticking is to reduce their kinetic 
energies. The easiest way to do this is to lower the 
temperature. You should realise that in helium the forces 
of attraction are so weak that the temperature has to be 
very low before the helium will liquefy. For iodine the 
molecules stick at a much higher temperature. This tells 
us that the dispersion forces in iodine are much stronger 
than in helium. The next problem is to explain why this 
is so. Our work in Unit 13 tells us that the electrons 
nearer the outside of a large atom are less strongly attrac- 
ted by the nucleus. The electrons in a smaller atom are, 
by comparison, more strongly held by the nucleus. 
Therefore, the outer electrons in a large atom will be 
attracted more easily by a neighbouring charge than the 
electrons in a smaller atom. Figure 20.4 shows that the 
electron cloud about a large atom is more easily distorted 
than the electron cloud around a small atom. 

The shorthand way of describing the different degrees 
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Small atom: 
little distortion, 
i.e. small atom is not 
very polarisable 

Large atom: 
much distortion, 
i.e. large atom 
is highly 
polarisable 

Figure 20.4 An atom with a dipole moment will polarise a 
large atom much more easily than a small atom 

of distortion is to say that large atoms are more polaris- 
able than smaller atoms. Alternatively, we say that a 
large atom has a larger polarisability than a smaller atom. 

It is possible (but difficult) to calculate the polaris- 
ability of an atom. It turns out that the dispersion force 
between two atoms depends on the polarisability of each 
of them. In other words, the higher the polarisability, the 
stronger the dispersion force. In this case what holds true 
for atoms tends to hold true for molecules. The larger the 
atoms in a molecule, the larger is the polarisability of the 
molecule — hence the temperature of 456K at which 
iodine vaporises. 

20.4 Intermolecular forces are also 
produced by permanent dipoles 

You have discovered that dispersion forces rely on an 
atom or molecule having a temporary dipole moment 
and this dipole inducing another dipole on a neighbour- 
ing atom or molecule. Clearly, dipole moments are 
important sources of intermolecular forces. What better, 
then, than a molecule having its own permanent dipole 
moment? You may remember that such molecules are 
called polar molecules. Indeed, a polar molecule will 
normally have higher melting and boiling points than a 
non-polar molecule of similar molecular mass. 

An example of this is shown in Figure 20.5. Pro- 
panone, (CH,;),C—O, is an organic compound with a 
relative molecular mass of 58. It also happens to have a 
permanent dipole moment. Compare its boiling point of 
57°C with that of butane, C,H, , which has the same 
molecular mass, no permanent dipole moment and a 
boiling point of —1°C. 

20.5 Some words of warning 

It is important not to be too dogmatic when making 
predictions about the relative melting or boiling points of 
molecules. For example, 1,2-dichlorobenzene is polar, 
but 1,4-dichlorobenzene is not (Figure 20.6). (They have 
the same molecular mass.) 
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Figure 20.5 The difference in boiling point of propanone and 
butane is a result of the dipole moment in propanone 
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Cl 

1,4-Dichlorobenzene 

Figure 20.6 All of the dichlorobenzenes have polar bonds 
between carbon and chlorine atoms. Only two of them have 
dipole moments 

As expected, the boiling point of the former is higher 
than that of the latter (but only by 5° C). However, their 
melting points are in the reverse order. The polar mol- 

20.1 Explain the following order of boiling points: 

Helium Neon Argon Xenon 

Relative atomic 
mass 4.0 20.2 39.9 131.3 

Boiling point/K 4 AIM ON EIT 165 

20.2 Which of the halogens would you expect to 
have the highest polarisability: fluorine, chlorine, 
bromine, or iodine? Briefly explain your answer. 

20.3 If two atoms, A and B, are a distance r apart, 
the dispersion energy between them varies as —1/r®. 

ecule has a melting point of —18°C whereas the non- 
polar form has a melting point of 53°C, i.e. some 70°C 
higher. The non-polar molecule still has two polar bonds. 
Observations like this show that it is not just the dipole 
moment that counts. Especially, in solids the way the 
molecules pack together to make a crystal can have a 
marked influence on melting points. Although 1,4- 
dichlorobenzene is non-polar, it still has two polar 
bonds. It is the interaction between the polar bonds on 
different molecules that causes the ‘upset’ in the order of 
the melting points. 

Similarly, we must be careful not to ignore other 
important effects that may be at work. For example, 
many polar molecules can make hydrogen bonds and 
the strengths of these bonds may overcome other effects 
solely due to induced or permanent dipole moments. 
Similarly, as molecules become larger and heavier, it is 
less likely that they will be gases, and more likely that 
they will be liquids or solids. Partly this is because of the 
influence of the large number of intermolecular forces 
that can arise; for example, between the long chain of 
atoms in a polymer. However, heavy molecules are 
harder to move no matter whether the intermolecular 
forces are weak or strong; so without a great deal of 
energy they will not fly around loose in a gas. A sum- 
mary of the points made in this unit is given in Table 
2051. 

Table 20.1. Summary of intermolecular forces 

Intermolecular forces depend on dipole moments 

There are three types: 
temporary dipole—induced dipole 
permanent dipole—induced dipole 
permanent dipole—permanent dipole 

The larger, or heavier, the atom or molecule the greater the 
polarisability and the stronger the intermolecular forces 

Intermolecular forces between non-polar molecules are 
called London or dispersion forces 

Intermolecular forces are sometimes called van der Waals 

forces 

For two oppositely charged ions a distance r apart, 
the interaction energy varies as —1/r. Write a com- 
puter program to plot graphs of —1/r® and —1/r to the 
same scale. First, explain what the negative sign tells 
us about the energy of interaction. Secondly, when 
you have plotted the graphs, explain why the disper- 
sion force is known as a short-range force, whereas 
the force between two ions is a longer-range force. 

20.4 After looking in a data book, a student noticed 
that the water molecule has a permanent dipole 
moment. The student also remembered that, con- 
sidering its fairly small molecular mass, water has an 
unusually high boiling point. The student wrote that 
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the high boiling point of water was good evidence to 
show that the forces between polar molecules are 
strong. Was the student correct? Explain your 
answer. 

20.5 Comment on the following quote: ‘There are 
very strong intermolecular forces in sodium chloride.’ 

20.6 For each of the molecules in the following list, 
say what type of intermolecular force would hold them 

Answers 

20.1. As the relative atomic mass increases, the num- 

ber of electrons in the atom increases. This means that 
the outer electrons, some of which are used in bonding, 

are increasingly shielded by the inner electrons. The 
polarisability therefore increases and the dispersion 
force between the molecules will increase. 

20.2 lodine: this has the largest number of electrons, 

the most shielding and the greatest polarisability. 

20.3 The negative sign tells us that the energy of inter- 
action leads to attraction, i.e. a lowering of the energy. 
Notice that the 1/r° graph reaches zero much more 
quickly than the 1/r graph (Figure 20.7). This tells us that 
the dispersion forces are effective only over very short 
distances. Attractions between ions are effective over 
much larger distances. 

20.4 The student forgot that the high boiling point of 
water is largely due to hydrogen bonds, not directly to 
the dipoles of the water molecules (See Unit 21). 

20.5 Sodium chloride is an ionic substance. As such it 
is held together by the electrostatic attractions between 
the ions, not by intermolecular forces. (There are no 
molecules in ionic substances.) 

20.6 Hydrogen and benzene are non-polar. These 
molecules are held together in liquid or solid by disper- 
sion forces. Pentan-3-one has a permanent dipole 
moment (like propanone), so here the forces are 
between permanent dipoles. 

20.7 Each liquid has molecules held together by dis- 
persion forces. Also, the molecules are chemically very 
similar. Thus, if we placed one of each type near each 
other we would expect them to attract by dispersion 
forces not greatly different to those in the separate 
liquids. The liquids should mix easily together. They do! 
You will find much more about the business of liquids 
mixing in Unit 61. 

together: hydrogen, H,; benzene, C,H,; pentan-3- 
one, (CH,CH,),>C—O. 

20.7 Hexane (C,H,,) and heptane (C;H,,) are 
liquids at room temperature. Decide what sort of inter- 
molecular force helps to keep the molecules together 
in the liquids. Now try your hand at predicting whether 
the two liquids would mix together easily, or whether 
they would form two separate layers. 

Graph of —1/r 

Graph of — 1/r° 

Values of 1/r and 1/r® 

Figure 20.7 At short distances (r<0.5), the magnitude of 
—1/r° is very much larger than —1/r. At longer distances 
(r>1), —1/° becomes much smaller than —1/r 

UNIT 20 SUMMARY 

Intermolecular forces exist between all atoms and (iii) Hydrogen bonds. 
molecules except those of an ideal gas. 

@ The main types are: 

(i) Van der Waals, which involve attractions 
between induced dipole moments. 

(ii) Attractions between permanent 

moments. 

@ Molecules that show the strongest van der Waals 
forces are highly polarisable, i.e. their electron 
clouds are easily distorted. These are usually large, 
heavy atoms or molecules. 

dipole 
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Hydrogen bonding 

21.1 What is hydrogen bonding? 

In Unit «19 we saw that many molecules are polar. 
Especially, molecules that have a highly electronegative 
atom connected to a hydrogen atom are often strongly 
polar. Examples of such molecules are hydrogen 
fluoride, water and ammonia (Figure 21.1). 

If two molecules of hydrogen fluoride were put close 
to one another, the hydrogen of one molecule will be 
attracted to the fluorine atom of the other molecule. This 
happens because of the attraction between the slight 
positive charge on the hydrogen and the slight negative 
charge on the fluorine atom. The attraction that holds 
the hydrogen atom of one molecule to the fluorine atom 
of another molecule is an example of a hydrogen bond. 
Notice that hydrogen bonding is related to ionic bond- 
ing. Table 21.1 shows how the strengths of hydrogen 
bonds compare with the strengths of other bonds. 

The structure of solid hydrogen fluoride has been 
shown to consist of planes of hydrogen fluoride mol- 
ecules arranged in the zig-zag fashion of Figure 21.2. The 
fact that there are two fluorine-to-hydrogen distances 
indicates that there are two types of bonding at work. 
The shorter distance represents the covalent (but polar) 
bond in each molecule. The longer distance represents 
the hydrogen bond. 

xe Be 
Hydrogen fluoride Hae 

52 

Water ee Pe 4 

ne 

Ammonia Ke, eet 54 

6+ 

Figure 21.1 Three molecules that have hydrogen atoms 
bonded to a highly electronegative atom. These molecules 
are often involved in hydrogen bonding 

Table 21.1. Comparison of the strengths of hydro- 
gen, covalent and van der Waals bonds 

Typical bond energy/kJ mol ' 

100 to 900 

20 to 50 

less than 20 

Covalent bonds 

Hydrogen bonds 
Van der Waals bonds 

5- 5- 

b+ ae he 5+ aes 
ee H ot eo 

Seva Se 

oe 5- 

Figure 21.2 Solid hydrogen fluoride consists of zig-zag 
chains of HF molecules. Neighbouring molecules are held 

together by hydrogen bonds. Hydrogen bonds are always 

shown by dotted (or dashed) lines 

21.1. Which is the stronger bond in hydrogen 
fluoride: the shorter, covalent bond, or the longer, 
hydrogen bond between different molecules? 

21.2 Evidence for hydrogen bonding 

One of the signs of hydrogen bonding between mol- 
ecules comes from examining the boiling points of dif- 
ferent compounds. We know that some substances have 
very high melting or boiling points. They are usually 
ionic compounds (like sodium chloride), or compounds 
with huge covalent lattices (like silica). Compounds with 
low melting and boiling points are usually covalent. The 
lower the relative molecular mass, the lower the melting 
and boiling points. 

Figure 21.3 shows some graphs of boiling points 
plotted against relative molecular mass for various 
compounds. The graphs for the noble gases and hydro- 
carbons illustrate the general trend for boiling point to 
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Figure 21.3 The general trend is for boiling point to increase 
with increasing relative molecular mass (shown in brackets). 
The exceptions are when hydrogen bonding occurs, especi- 
ally in HF, HzO and NHs3. (Note: scales of relative molecular 
mass are not uniform) 

increase as the relative molecular mass increases. So do 
the other graphs, except that the first members of the 
series are exceptions. In particular, water, ammonia and 

hydrogen fluoride have far higher boiling points than 
their relative molecular masses would lead us to expect. 
The reason molecules of these substances cling together 
more strongly than other molecules is because of hydro- 
gen bonding (Figure 21.4). 

The case of water is particularly important. Like 
hydrogen fluoride, its boiling point is far above the level 
that we would expect. In water, the hydrogen bonding 
stretches from molecule to molecule right through the 
liquid. Hydrogen bonding is also responsible for the high 
value of the surface tension of water. 
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Figure 21.4 The scope for hydrogen bonding in water is 
enormous. In liquid water the hydrogen bonds are constantly 
swapping between molecules, i.e. the molecules change 
partners frequently 

Water is one of the few substances that is less dense as 
a solid (ice) than it is as a liquid. If you look at Figure 
21.5 you will be able to understand why this happens. 
The water molecules line up in such a way as to maxi- 
mise the amount of hydrogen bonding between them. 
This leaves a tremendous amount of space in the lattice. 
Hence the low density of ice. 

Figure 21.5 The structure of ice. (Taken from: Pauling, L. 
(1960). The Nature of the Chemical Bond, 3rd edn, Cornell 
University Press, Ithaca, NY, figure 12.6, p. 465) 

21.2 The vibrational spectra of liquid alcohols (mol- 
ecules like ethanol, C,H;OH) often show a fairly 
sharp band at around 3600cm™', and a much 
broader band between 3000 and 3500cm '. If the 
spectrum is taken of a gaseous sample of an alcohol, 
the band at 3600cm~ can still be seen; but the 
broader band disappears. Why might this be? 

21.3. Which of the following molecules would you 
expect to show hydrogen bonding: CH,, HCl, 
HCOOH, C,H,, pure HNO,? 

21.4 Why is it that in a very cold winter fish in 
garden ponds owe their lives to hydrogen bonding? 
(Hint: density of ice.) 

21.5 Why would you expect water and ethanol to 
mix easily? 

21.3 Intermolecular and 
intramolecular hydrogen bonding 

Hydrogen bonds that occur between two different mol- 
ecules are called intermolecular hydrogen bonds. Hydro- 
gen bonds that occur within the same molecule are called 
intramolecular hydrogen bonds. Examples of both types 
of hydrogen bond are shown in Figures 21.6 and 21.7. 
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Figure 21.6 Three examples of intermolecular hydrogen 
bonding. The intermolecular hydrogen bonds in liquid water 
and liquid ammonia have no simple influence on how the 
molecules are arranged. But in ethanoic acid, dimers occur 

21.6 When the relative molecular mass of ethanoic 

acid, CH,COOH, is measured it sometimes comes 
out to be 60 (which is what it should be), but often 
nearer to 120. What might be the cause of the ‘wrong’ 
results? 
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Figure 21.7 Hydrogen bonding in 2- and 4-nitrophenol. \ntra- 
molecular hydrogen bonding in 2-nitrophenol means that 
there is less intermolecular hydrogen bonding than in 4- 
nitrophenol. As a consequence, the boiling point of 2- 
nitrophenol is less than that of 4-nitrophenol 

21.4 Hydrogen bonding in 
biochemistry 

Proteins are polymers that constitute many of the most 
important biologically important molecules. (You will 
find details of some of them in Unit 123.) Some proteins 
occur as fibres, which contain strands of protein mol- 
ecules linked together by hydrogen bonds. You have 
examples of such proteins on your head: hair is a pro- 
tein. The hydrogen bonds occur as a result of the 
presence of peptide groups. 

In some proteins the fibres wind into a spiral, or helix. 
In these proteins the hydrogen bonds occur between 
peptide groups at different points along the same chain 
(Figure 21.8). This is a form of intramolecular hydrogen 
bonding. 

An equally important example of hydrogen bonding 
occurs in DNA (deoxyribonucleic acid). This remarkable 
material is, among other things, responsible for handing 
down hereditary information from one generation to 
another. It exists as two intertwined helices. The two 
strands of the double helix are held together by hydro- 
gen bonds. These bonds occur between pairs of organic 
groups called ‘bases’. Figure 21.9 shows how two of the 
bases can hydrogen bond together. 
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Figure 21.8 Intramolecular hydrogen bonds can occur along 
a protein chain. The fold in a peptide chain can be produced 
by hydrogen bonds between different peptide links 
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Figure 21.9 Pairs of organic bases like guanine and cytosine 
have exactly the right shape to be held together by hydrogen 
bonds. Hydrogen bonds like these hold DNA together 

Information about how a cell is to act occurs when the 
DNA unzips, producing two separate strands. It is an 
interesting thought that if hydrogen bonds were very 
much stronger, or weaker, then life would have to take a 
very different course than at present. 

21.5 Hydrogen bonding in solids 

Many crystals contain water trapped in them as water of 
crystallisation. A famous example is copper(i) sulphate, 
CuSO,°5H,O. Sulphate ions (SO,?~) bridge between two 
copper atoms so that the structure of the crystal consists 
of long chains like those in Figure 21.10. Four of the 
water molecules are bonded to each copper, but the fifth 
is hydrogen bonded to sulphate ions in adjacent chains. 

If the crystals are heated, it is the hydrogen bonded 
water molecules that are jostled out of position first. 
When this happens the structure of the crystal is disrup- 
ted, and we see the crystals forming a solution. 
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Figure 21.10 The crystal structure of copper(i|) sulphate has 

chains of copper(ii) ions bonded to four water molecules, W, 

and the oxygen atoms of sulphate ions. The fifth water mol- 

ecule, circled, lies between the chains. It is hydrogen bonded 

to oxygen atoms in both chains 

Answers 

21.1 It is a general rule that, the shorter the bond, the 
stronger it is, and vice versa. Thus, the hydrogen bond is 
weaker than the covalent bond between the atoms. 

21.2 In the gas, the molecules will fly apart separate 
from one another and they will not be hydrogen bonded. 
The broad band in solution that disappears in the gas is 
due to hydrogen bonding. 

21.3. HCl, HCOOH and pure HNO. The others, CH, 
and C,H,, do not have a hydrogen atom attached to a 
highly electronegative atom. 

21.4 In winter, any ice will float. This allows the fish to 
remain alive in unfrozen water below the ice. Ice is less 
dense than water because the hydrogen bonds hold the 
molecules apart in the solid, thus leaving a lot of empty 
space in the crystal structure. 

21.5 Water and ethanol have similar structures. Both 
contain a hydrogen atom bonded to an oxygen atom. 
Both are liquids that have considerable amounts of 
hydrogen bonding. Each type of molecule can hydrogen 
bond with the other (Figure 21.11). Hence they should 
mix together, and hydrogen bonding is found in alcoholic 

drinks like wine, beer, lager, etc. 

There are many other examples of hydrogen bonding 
in crystals. Some of the most important occur in 
naturally occurring minerals such as gypsum, 
CaSO,-2H,0. This has a layer structure, which like cop- 
per(t) sulphate is held together by hydrogen bonds 
between water molecules and sulphate ions. 

21.7 Briefly consider some of the effects on our 
lives if water had only a very little hydrogen bonding. 

Figure 21.11 Ethanol and water molecules can 
hydrogen bond together 

21.6 If you look back at Figure 21.6 you will see that 

ethanoic acid can exist as dimers. Often samples of the 

acid will contain a mixture of monomers and dimers. 

This causes the confusion over its molecular mass. 

21.7 The effects would be overwhelming. For exam- 
ple, the cells of which we are made contain large 
amounts of water. This would have boiled away at room 
temperature! Also rain, rivers, lakes or oceans would be 

rather uncommon. 

UNIT 21 SUMMARY 

ee —__ ne 

e A hydrogen bond is made between a hydrogen atom 

anda highly electronegative atom such as fluorine, 

oxygen, chlorine or nitrogen. The hydrogen atom 

itself must be bonded to an atom with a high 

electronegativity. — 
e@ Hydrogen bonds are responsible for: 

(i) The relatively high melting and boiling points 

of water and hydrogen fluoride. 

(ii) Holding the strands of DNA together. 
@ Intermolecular hydrogen bonds occur between 

different molecules, e.g. between water and alcohol 
molecules, or between ethanoic acid dimers. 

@ Intramolecular hydrogen bonds occur between groups 
in the same molecule, e.g. in 2-nitrophenol. 
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Metallic bonding 

22.1 How can you recognise a 
metal? 

Probably you will already know many of the properties 
of metals summarised in Table 22.1. 

Of course, there are exceptions and, for example, some 
metals conduct heat better than others. However, non- 
metals only very rarely have one or more of these 
properties. One exception is carbon, which as graphite 
will conduct electricity very easily. A few elements, 
especially silicon and germanium, are semiconductors (to 
be precise, intrinsic semiconductors). Depending on 
circumstances they may conduct electricity very easily, 
or with great difficulty. 

For the present we shall concentrate on typical metals 
and disregard the exceptions. The key to understanding 
the properties of metals lies in two areas: first, the way 
the electrons are arranged; secondly, the way the atoms 
are arranged in the crystal structure. Especially, the 
arrangement of the electrons is responsible for the con- 
duction of heat and electricity, and the crystal structure 
relates to the malleability and ductility. We shall deal 
with the electron structure here, and leave the crystal 
structure to the unit on X-ray diffraction (Unit 30). 

Table 22.1. Properties of metals 

Most, but not all, metals are: 
Solids at room temperature 
Sonorous, i.e. ring when struck 
Malleable, i.e. can be beaten into various shapes 
Ductile, i.e. can be drawn out into wires 
Good conductors of electricity 
Good conductors of heat 

22.2 What is the band structure of 
metals? 

As we know that metals conduct electricity well, it fol- 
lows that at least some of the electrons must be able to 
move easily through a metal crystal. Unless electrons 
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completely escape from atoms (ionisation), they must be 
found in orbitals. Thus there must be some special 
orbitals in metals that are involved in conduction. Metal 
atoms have the ability to share their outermost orbitals 
with each other. Overlap of the orbitals occurs not only 
over two atoms (as in ethene) or six atoms (as in 

benzene) but over millions of atoms. With overlap of 
two orbitals only two energy levels result (one level for 
the bonding and one for the antibonding orbital). When 
there are so many more orbitals overlapping in a metal 
there are literally thousands of new energy levels. These 
levels are so close together in energy that they form an 
energy band. 

In Figure 22.1 only s orbitals are shown overlapping, 
but p and d orbitals can make bands as well. Some bands 
are completely full; these are the bands of lowest energy. 
They contain the inner electrons of each atom. The 
atoms hold on to these electrons the most strongly. At 
the other extreme some bands will be so high in energy 
that they will be empty. Between these two extremes 
metals have a band that is only partly filled (Figure 
22.2). On the other hand, non-metals have bands that 
are either completely full or completely empty. The 
bands that are made from the overlap of the outermost 
orbitals contain the valence electrons of each atom. Such 
a band is called a valence band. Depending on the metal 
in question, there can be several valence bands. Just as 

Bess 
Part of a layer of atoms with outer s orbitals overlapping 

Energy 

The overlap of so many orbitals gives rise to a band of energy levels 

Figure 22.1 The origin of energy bands in metals (s orbitals 
are not the only ones to give rise to bands) 
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Figure 22.2 How band theory sees the arrangement of 

electrons in a good conductor of electricity. Movement of 

electrons can take place within the valence band 

with atomic and molecular orbitals, the various bands 

are separated by an energy gap. 

22.3 Why do metals conduct 
electricity? 

First, the key thing to realise is that the electrons in a 
band are moving. For example, in our line of atoms of 
Figure 22.1, electrons would move to the left and to the 
right. However, on average, the same number move to 
the left as to the right. This means that there is no 
overall movement of electric charge in any one direc- 
tion, so there is no electric current. If an electric current 
is to flow from left to right, more electrons must move 
to the right than move to the left. We can make this 

happen by giving the electrons a ‘push’ to the right by 

attaching a battery to the metal. The battery is a source 
of energy. If the electrons take up some of this energy, 

they are able to leave the particular energy level they 

are in and move to a higher level. In a metal there are 

empty levels in the main valence band. Therefore the 

electrons can take up the extra energy, move to a 
higher level, and travel through the metal. Compare 
this with a non-metal (Figure 22.3). Here the valence 

bands are completely full. An electron in the valence 

band cannot take up extra energy because there are no 
free energy levels to which it can move. It is for this 
reason that metals conduct electricity, but non-metals 
are electrical insulators. 

Very high energy 
bands are empty 

This energy gap is too 
large for electrons to 
reach the upper bands from 
the valence band 

The valence band is 
full 

Low energy bands are 
full 

Figure 22.3 In an insulator, the valence band is full and 

electrons cannot gain energy and move within this band. If 
they could reach the empty bands above the valence band, 
then conduction could take place. However, under normal 

conditions the electrons cannot gain enough energy to reach 
the higher bands 

22.1 Actually it is possible to make ‘insulators’ con- 
duct electricity. Look again at Figure 22.3. There is a 
set of energy levels to which an electron in the 
valence band of a non-metal can move. Where is the 
set? Does it take a great deal of energy to make an 
‘insulator’ conduct? How could you cause conduction 
to take place? 

22.4 Semiconductors 

In a metal the outermost electrons of each atom can 

move easily from one atom to another. A metal is a good 

conductor of electricity (and heat) because these 

electrons are free to move. On the other hand, in an 

insulator the outer (valence) electrons are held tightly to 

the atoms to which they belong. At room temperature 

the valence electrons cannot gain enough energy to 

break free from their bonds. Thus conduction cannot 

occur. 
In a semiconductor the valence electrons are sufficiently 

loosely bound that some are able to break free from their 

bonds at room temperature. Silicon and germanium are 

two of the most widely used semiconductors. More 

properly they should be called intrinsic semiconductors. 

This is in distinction to extrinsic semiconductors where, for 

example, silicon is doped with another element. 
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Figure 22.4 A simplified view of part of a silicon lattice. Each 
silicon atom is bonded to four others. Each dot represents an 
electron 

This electron has broken free 
from its bond, leaving a 
positive charge at its original site 
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The + sign marks the 
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Figure 22.5 The creation of a free electron and hole pair 

We shall take silicon as an example of an intrinsic 
semiconductor. The arrangement of atoms in a silicon 
crystal is shown (in a much simplified way) in Figure 
22.4. By contrast, Figure 22.5 shows what happens if 
one of the bonding electrons gains sufficient energy to 
break free. The free electron can move through the lat- 
tice, thus giving rise to an electric current if a voltage is 
applied across the ends of the silicon. The free electron 
leaves behind an equal, but opposite, charge to that of 
the electron. The place where this positive charge is 
found is called a hole. 

In fact, when a voltage is applied across a piece 
of silicon, conduction can arise in two ways: (i) The 
free electrons can move through the conduction band. 
(ii) Electrons can move into the holes. For example, an 
electron from an adjacent bond may swap places with 
the hole. In Figure 22.6 the net result is the movement of 
the hole from left to right. The conduction by holes 
occurs in the valence band (see Figure 22.7). 

For silicon at room temperature, only 1 in 10!? atoms 
produces a free electron and hole pair. 

Extrinsic semiconductors are obtained by adding an 
impurity to, i.e. doping, an intrinsic semiconductor. 
An n-type semiconductor is obtained by doping sili- 

con with a Group V element (P, As, Sb); a p-type semi- 
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The free electron has moved to 
another part of the lattice 
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An electron from another bond pair has moved into the site of the 
first hole. In turn it leaves another (positively charged) hole behind 

Figure 22.6 Conduction in silicon is due to the movement of 
electrons and holes 

Energy 

Conduction band 
CORO lS) 

Promotion of electrons 

Valence band 

@® = Hole © = Electron 

Figure 22.7 Conduction in silicon occurs by holes moving in 
the valence band, and electrons moving in the conduction 
band 

conductor is obtained by doping silicon with a Group III 
element (B, Al, Ga, In). 

In an n-type semiconductor the impurity pro- — 
vides an excess of electrons. 

In a p-type semiconductor the impurity pro- 
vides an excess of holes. 

(a) n-Type semiconductors 

Suppose silicon is doped with phosphorus. Phosphorus, 
in common with other Group V elements, has five 
valence electrons. Only four of these can be used in 
bonding to silicon atoms. The extra electron is not bound 
anywhere near as strongly as the bonded electrons, and 
it is easily promoted to the conduction band (Figure 
22.8). Each Group V atom increases by one the number 
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Extra electron 

Figure 22.8 Each phosphorus atom brings one extra electron 
into the lattice. The extra electrons are mainly responsible for 
the extra conducting ability of n-type semiconductors. (Holes 
and free electrons normally present in the silicon are not 
shown) 

of electrons available for conduction. Usually the num- 
ber of Group V atoms added is far greater than the 1] in 
10'2 conduction electrons that are already present in the 
silicon. Therefore, the conductivity of an n-type semi- 
conductor is mainly due to the impurity atoms. 

(b) p-Type semiconductors 

An example of a p-type semiconductor is silicon doped 
with a Group III element such as gallium, which has 
only three valence electrons. There are not enough 

electrons to make four complete covalent bonds with 
silicon. A vacancy is left, which can be filled by the 
transfer of a valence electron from a neighbouring atom 
(see Figure 22.9). Notice that the movement of an 
electron into the vacancy leaves behind a hole, which 
carries a positive charge. Another electron from a 
neighbouring bond can move into the hole, thereby 
leaving another hole behind. It is as if the hole has 
moved through the lattice. Indeed, it is the movement of 
the holes that is responsible for the conduction of charge 
in a p-type semiconductor. 

(c) Diodes 

A diode can be made by taking a piece of silicon and 
doping each half with the opposite carrier type. Where 
the two halves meet, there is a p—n junction. At the junc- 
tion, electrons from the n-type side cross over to fill some 
of the holes on the p-type side, and vice versa. However, 
the transfer of an electron in this way will leave a net 
positive charge behind in the n-type material. Similarly, 
the movement of holes in the opposite direction leaves a 
net negative charge behind on the p-type side. Once 
formed, these charges hinder the further transfer of car- 
riers across the junction. A potential barrier is set up, 
which can prevent the flow of charge across the junction. 
In order to overcome the barrier, a potential difference of 
around 0.6 V must act across the junction of the p- and 
n-type material in a silicon diode. (For a germanium 
diode, the figure is about 0.4 V.) However, the potential 
difference must be applied in the correct direction, as 
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e For each gallium atom in the lattice, a vacant site 
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four covalent bonds 

An electron has moved into the 
first hole. The net result is that 
the hole appears to move 
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Figure 22.9 Conduction in silicon doped by gallium, a p-type semiconductor, is mainly due to the movement of holes 

When an electron moves into the vacancy, a positively charged hole 
is left in the lattice. Notice that the gallium atom gains a negative 
charge as it now has an extra electron 
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— Bulb lights 

Anode Cathode 

Here the diode is forward biased, so the bulb lights 

Bulb out 

Cathode Anode 

Here the diode is reverse biased, and no current will flow through it 

Figure 22.10 The two ways of connecting a diode in a circuit 

shown in Figure 22.10. The positive terminal of the bat- 
tery must be connected to the p-type end of the diode 
(the anode), and the negative terminal of the battery to 
the n-type end (cathode). This is known as forward bias- 
ing the diode, and conduction can take place. If the 
battery is connected the other way round, the diode is 
reverse biased, and it will not conduct electricity. This 
behaviour can be most useful in electric circuits, e.g. in 
rectification of a.c. to d.c. (alternating current to direct 
current). 

Use is made of p—n junctions in transistors. In an npn 
transistor a layer of p-type material is sandwiched 
between two pieces of n-type material. In a pnp tran- 
sistor a layer of n-type material lies between two pieces 
of p-type material. At first sight we might expect a tran- 
sistor to act like two diodes joined together, but in fact 
the behaviour is markedly different. You will have to 
consult a physics book to discover the reason! 

(d) Light emitting diodes 

You will probably be familiar with light emitting diodes, 
LEDs. These are widely used to indicate whether a circuit 
is active, e.g. on remote control handsets for TV and hi-fi 
sets. LEDs are commonly made from gallium arsenide (a 
Group III plus a Group V compound). The beauty of this 
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substance is that the energy gap between an electron and 
a hole corresponds to the energy of a photon of visible 
light. Thus when a current passes through an LED, light 
is emitted as electrons move into the holes. LEDs that 
emit red, green, or yellow light are common. 

Empty conduction band 

‘ 

Small energy 

gap 

Figure 22.11 Part of the band structure for a 
semiconductor 

22.2 Figure 22.11 shows the type of band structure 
that is found for semiconductors like silicon or ger- 
manium. The top, empty, band is called the conduc- 
tion band. Explain why it is that, although the valence 
band is full, semiconductors can conduct electricity 
even at room temperature. How would you expect 
their conductivity to change if the temperature goes 
(i) well below, (ii) well above room temperature? 

22.5 Why do metals conduct heat? 

Basically metals conduct heat for the same reason that 
they conduct electricity. If a metal is heated, the atoms 
vibrate more energetically. This energy is mainly trans- 
ferred to the electrons. (Remember that in a metal there 
are empty energy levels to which the electrons can move 
if they gain energy.) As they move about the metal they 
pass on their energy to other electrons and atoms some 
distance away from the end that is being heated. In this 
way heat is conducted by the metal. 

22.6 Metal atoms exist in a sea of 

electrons 

The band theory of metals gives us a picture of a metal 
where the electrons of any one atom interact with those 
of its neighbours. The resulting energy bands spread 
right through the metal. Because the electrons can drift 
through the band, the negative charge is not con- 
centrated around any one atom; rather, it is spread 
throughout the metal. This gives us a picture of a metal 
like that of Figure 22.12. This is called the sea of electrons 
model of metallic bonding. It has been said that the 



Figure 22.12 In the ‘sea of electrons’ model of a metal the 
nucleus of each atom together with its inner electrons are 
surrounded by the outer electrons of all the atoms. The outer 
electrons exist in energy bands that spread throughout the 

metal lattice 

negatively charged sea of electrons acts like cement bind- 
ing the positively charged nuclei together. 

However, this model of bonding in metals cannot be 
the full story. We know that some metals are soft, e.g. 
sodium, whereas others are extremely hard, e.g. tung- 
sten. In many metals there is a directional nature to the 
bonding, which holds the atoms tightly in position. 
Indeed, there is an entire branch of chemistry that 
investigates the nature of metal—metal bonds; but it is 
one that we shall have to ignore. 

Answers 

22.1 There is an empty band above the valence band. 
There is a large energy gap between the two bands. 
Therefore a lot of energy is needed to make electrons 
jump from the valence to the empty band. You could 
supply the energy by using a source of very high 
voltage, perhaps 10000 V or more, instead of an ordi- 

nary battery. 

22.2 At room temperature some, but by no means all, 
of the electrons have enough energy to move to the 

conduction band. This is unlike insulators, where the 

energy gap is very much larger. We would expect the 

22.3. Whichis the more likely path of an electron ina 
metal that is being heated, that shown in Figure 
22.13a or b? 

Figure 22.13 Two possible ways for electrons to move 
through a metal lattice 

conduction to decrease as the temperature decreases, 
and vice versa. This behaviour is also unlike metals. 
They conduct electricity better at low temperatures; in 
other words, the resistance of a metal increases with 
temperature. This is because the thermal energy of the 
electrons in the conduction band causes them to move 
more chaotically, so they find it harder to move in a 
single direction, and the current decreases. 

22.3. The diagram with the more random path — Figure 
22.13b. 

UNIT 22 SUMMARY 

i nnn EEE UES 

e@ The atoms ina metal lattice are embedded in a sea of 
electrons. The electrons exist in energy bands that 
spread throughout the lattice. These electrons are 
free to move, and are responsible for metals being 
good conductors of heat and electricity. 

® Conduction of electricity in non-metals takes place 
when electrons move between the valence band 
and the conduction band. 

@ Ininsulators the energy gap between the conduction 
and valence bands is much greater than in metals. 

e Intrinsic semiconductors, e.g. silicon and _ ger- 

manium, have valence electrons that can be 
excited into the conduction band at room 
temperature. 

e Extrinsic semiconductors: 
(i) p-Type have been doped with a Group III 

element; conduction is mainly caused by the 
movement of positively charged holes. 

(ii) n-Type have been doped with a Group V 
element; conduction is mainly caused by the 
movement of electrons. 

Metallic bonding oe 



24 
The three states of matter 

23.1 The three states of matter 

The three states of matter are solid, liquid and gas. Almost 
everything we see about us appears to fit neatly into one 
of these categories. There is one key idea that you should 
understand if you are to appreciate the differences 
between the three states of matter. It is this: the state in 
which a substance exists is the result of the competition 
between intermolecular forces, which keep molecules 
together, and heat energy, which moves them apart 
(Figure 23.1). 

Heat energy, which we can also call thermal energy, is a 
measure of the amount of random movement of mol- 
ecules. We should not say that heat causes the random 
movement of molecules; rather thermal energy is the 
random movement of molecules. The more thermal 
energy a substance has, the greater is the tendency for its 
molecules to be jumbled up, i.e. to be more disordered. 
The most disorderly arrangement that molecules can 
achieve is in a gas. At the other extreme the most orderly 
arrangement is in a solid. Liquids are somewhere in 
between (Figure 23.2). 

Intermolecular forces tend to hold molecules together. 
There are intermolecular forces between all molecules; 
but between some they are very weak and between 
others they are quite strong. When the forces are weak, 
the molecules are not likely to cling together to make a 
liquid or solid unless they have very little thermal 
energy. The noble gases are excellent examples. For 
instance, helium will not liquefy until the temperature is 
almost as low as — 269°C, or 4K. On the other hand the 
intermolecular forces between water molecules are very 
strong. 

GAS LIQUID SOLID 

<g— _ Heat energy predominating 

Intermolecular forces predominating —>» 

Disorder Order 

Figure 23.1 The changes between solid, liquid and gas 
involve the competition between heat energy and intermole- 
cular forces 
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Figure 23.2 A visual impression of the degrees of disorder in 
solids, liquids and gases 



To summarise, we can say that: 

Intermolecular forces tend to bring order to 
the movements of molecules; heat energy 
points in the direction of randomness or — 
chaos. 

Whether a substance exists as a solid, liquid or gas 
depends on where the balance between these two 
opposing influences lies. 

23.1 What is the origin of the intermolecular forces 
in water? 

23.2 How do we know that gases 
are disorderly? 

One piece of evidence comes indirectly from the experi- 
ments first performed by Robert Brown in 1827. He 
observed the movement of pollen grains on the surface 
of water, which he found to be completely unpredict- 
able. The random movements of the grains, known as 
Brownian motion, were finally given a mathematical 
explanation by Albert Einstein (of relativity fame) in 
1905. He showed that the grains went on a random walk 
(Figure 23.3). A random walk is the sort of walk that a 
very drunk person would go on if put out in an open 
space. If we assume that the drunk found it impossible to 
make a conscious choice, he (or she) would be as likely 
to walk in one direction as any other. The reason why 
the grains behave in this way is that they are being 
bombarded by molecules in the liquid, which are them- 
selves moving in a perfectly random way. 
Around 1908 Jean Perrin made observations of 

Brownian motion in gases. He showed that small 
particles, much larger than individual molecules but still 
very small (less than 10~°m in diameter), also went on 
random walks. This could only be explained along the 
same lines as Brownian motion in liquids. The particles 

Figure 23.3 The random walk of a pollen grain owing to the 

grain being biffed by water molecules 

were being struck by the randomly moving gas 
molecules. 

23.2 Here are two statements about a gas: 

(i) All the molecules in a gas move with the same 
speed. 

(ii) The molecules in a gas move with different 
speeds, some fast, some slow, some in between. 

Which of (i) or (ii) do you think is (or know to be) 
correct? 

23.3 If you can write computer programs, use the 
random number generator in a computer to mimic the 
random walk of a gas molecule and make the com- 
puter draw the path of the particle on the screen. It is 
wise not to attempt to do this in three dimensions! 
Restrict yourself to two dimensions, moving up/down 
and left/right on the screen. (You are unlikely to mimic 
a random walk exactly. Not many computers gener- 
ate true random numbers.) 

23.4 Abonus from Perrin’s experiments was that he 
was able to estimate the Avogadro constant, achiev- 
ing a value of around 7 x 107° mol~'. How accurate 
was his value? 

23.3 Differences in properties of 
solids, liquids and gases 

The molecules in a gas are, on average, much further 
apart than they are in a liquid or solid. Also, the mol- 
ecules in a gas travel very much faster than those in a 
liquid. The molecules in a solid vibrate about the same 
average position rather than travelling from place to 
place. The differences in spacing, and in speed, are the 
main reason for the different properties of the three 
states of matter. For example, gases are not very good 
conductors of heat. For heat to be conducted the move- 
ment energy of the molecules must be passed on from 
one to another. This requires the molecules to collide, 

which happens less easily in a gas than in a liquid. 
In a solid the molecules are held in position by the 

overall effects of the attractions and repulsions of their 
neighbours. Even so, the molecules do have some move- 
ment. They vibrate to-and-fro, although on average they 
keep the same position. As the temperature gets higher 
they vibrate more violently, and they can pass on the 
energy of their vibrations to their neighbours. However, 
the only solids that conduct heat very well are those 
which have electrons that can move from place to place. 
Especially, metals have many free electrons that can carry 
their movement energy with them even though the 
atoms themselves are stuck in one place. 

Owing to the large amount of empty space in a gas, it 
is fairly easy to squeeze the molecules into a smaller 
volume. That is, gases are easily compressed. Liquids and 
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solids have their molecules already very close together, 
so they are very difficult to compress. We should think 
about this difference in compressibility more carefully. It 
seems obvious that there is a limit to how close mol- 
ecules can get to one another, but why is there a limit? 
The answer lies in the structure of molecules. 

23.5 All gases have a_ characteristic critical 
temperature. Above the critical temperature it is 
impossible to liquefy a gas. The critical temperatures 
of carbon dioxide and methane are 31.2°C and 
—81.9°C, respectively. Which gas has the stronger 
intermolecular forces? Briefly explain your choice. 

23.4 The potential energy curve for 
two neighbouring molecules 

When two molecules are far apart they move completely 
independently; .neither will feel the presence of the 
other. However, if they come closer together then the 
intermolecular forces get to work. They will attract one 
another. The amount of the attraction depends on 

_ several factors, which are described in Unit 20. The 
attractions tend to bring the molecules together; but now 
think about them coming very close together. The out- 
side of a molecule is really a layer of negatively charged 
electrons: the electron cloud. When molecules approach 
closely, the electron clouds repel one another. It is the 
great strength of the repulsion that puts a limit on how 
close the molecules can get. 
Now you need to remember that attraction means a 

lowering of energy, repulsion means an increase in 
energy (Unit 2). This convention allows us to explain the 
energy diagram of Figure 23.4. You can see that there is a 
minimum in the curve. This is when the attractive and 
repulsive forces just balance. The molecules are then at 
their equilibrium distance apart. The normal equilibrium 
distance between molecules is of the order of 200 to 
800 pm. The shape of the curve gives us an idea of why it 
is that gases can be difficult, and sometimes impossible, 
to liquefy if the temperature is too high. At high 
temperatures the average speed of the molecules in a gas 
is much higher than at a low temperature. If two mol- 
ecules hit one another at great speed, their electron 
clouds become squashed together; this is rather like two 
springs being pushed together. This brings them high up 
the repulsion part of the curve. Then they fly apart and 
go off to make further collisions. At lower temperatures, 
when their speeds are much lower, the force of the colli- 
sions can be very much less. Now the interaction of their 
electron clouds may take them only part of the way up 
the repulsion part of the curve. If they do not go too 
high, they will not spring apart. Rather, they will stick 
together and oscillate around their equilibrium position. 
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Figure 23.4 A potential energy curve for two atoms or 
molecules 

23.6 (i) The Lennard-Jones potential (see panel 
23.1) for oxygen can be written as 

6 

Vir) =6.5 x 10-2" x (346) = . 2) 

where r is measured in picometres, pm (i.e. 107 '? m), 
and V(r) has units of joules, J. Use a computer to plot 
a graph of V(r) from r=0 to r=500 pm. 

(ii) What is the equilibrium separation of the 
molecules? 

(iii) Adapt your program so that it can also plot the 
graph for methane, 

6 

Vir) =8.2 x 10-2" x (382) ee = A, 

(iv) What is the equilibrium separation for methane? 

23.5 Some remarkable substances 

In this section we shall briefly look at some substances 
that are hard to classify as a solid, liquid, or gas. 



Panel 23.1 

The Lennard-Jones potential 
In 1931 J. E. Lennard-Jones fitted the shape of the 
curves in Figure 23.4 to a formula, called the Len- 
nard-Jones potential, or sometimes the six—twelve 
(6—12) potential. His formula was 

acAy iB 

Mn) 13 7 Lennard-Jones potential 

Here V(r) is the potential energy at a separation r. A 
and B are two constants, which can be calculated 
from theory, but are often discovered from the 
results of experiments. The term A/r’? is positive, 
which means that it corresponds to repulsions; being 
negative, the —B/r® term tells us about the attrac- 
tions. You can prove for yourself that 1/r'? is very 
much larger than 1/r® when r is very small. That is, 
the almost vertical part of the curve is fitted by the 
A/r'? term. However, when ris no longer very small, 
the 1/r° is more important, and — B/r° fits the curve 
at larger intermolecular distances. 

(a) Liquid crystals 

It seems a contradiction to call a crystal ‘liquid’. We 
expect crystals to be solids, and certainly not liquids. 
Essentially, liquid crystals are liquids that can have suf- 
ficient long range order in them to make them behave 
like a solid. However, they will only behave like a solid 
over a certain range of temperatures. Usually a liquid 
crystal is made from molecules that are long, thin and 
not very symmetrical. You will find some examples in 
Figure 23.5. 

The intermolecular forces must be strong enough to 
hold the molecules together, but not so strong as to 
restrict their movement too much. The unsymmetrical 
nature of the molecules leads to an unsymmetrical pack- 
ing of the molecules. When the packing is unsymmet- 
rical we say that the arrangement is anisotropic. (Isotropic 
means the same in every direction; anisotropic is the 
opposite — not the same in every direction.) 

CH,—O <O)- CH=N <C)- CH,CH,CH,CH, 

i CH, 
| 

cx,—0~(_))—cn=n-{) -cu=cn-€-0-cn, chica, 

i 

Figure 23.5 Examples of molecules that make liquid crystals 

The very useful property of liquid crystals is that the 
arrangement of the molecules can be upset by very slight 
changes in their surroundings. Especially, in the liquid 
crystals used in calculator and computer displays, the 
molecules rearrange themselves when the crystal is sub- 
jected to a small electric field. The change from 
anisotropic to a more isotropic arrangement changes the 

way the crystal absorbs light. 

(b) Glass 

It may surprise you to know that glass is best considered 
as a liquid. It happens to be an extremely viscous liquid. 
Indeed, it is so viscous that many people find it very 
difficult to think of glass as anything but a solid. The 
basic building block of ordinary glass is a tetrahedron 
built from a silicon atom with four oxygen atoms around 
it (Figure 23.6). The tetrahedra join to give a three- 
dimensional interlocking structure that gives glass its 
high viscosity. However, unlike a respectable solid, glass 
has no long range order in its structure. Given a long 
enough time, glass will flow like a liquid. For example, 
stained glass put into cathedrals during the fifteenth cen- 
tury is thicker at the bottom than at the top. 

Figure 23.6 The tetrahedral group of a silicon atom and four 
oxygen atoms, which is the basis for the structure of glass 
(and many minerals, see Unit 96) 

(c) Colloids 

Colloids can take on the appearance of solids, liquids, or 
gases, although they are invariably mixtures of some 
kind. Smoke from a fire is a colloidal system. It is made 
of tiny particles of solid. that float in air. Colloidal 
particles are generally between 5 and 1000nm in 
diameter. This means that they are much larger than 
atoms or small molecules such as water, but smaller than 
particles that we can see clearly with the naked eye. The 
air in which they float is called the continuous phase; the 
particles themselves make up the disperse phase. (We can 
talk about the disperse phase existing im the continuous 

phase.) 
There are eight types of colloidal system. The disperse 

phase and the continuous phase can be a solid, a liquid, 
or a gas. Table 23.1 will give you an idea of the wide 
variety of colloidal systems that are to be found, whether 
in nature or made artificially. The only combination of 
disperse and continuous phases that does not occur is gas 

in gas. 
There are two approaches to making colloids; either 
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Table 23.1. Examples of the eight types of 
colloidal system* 
—————— 

Disperse Continuous Name Examples 
phase phase 

Gas Gas None None 

Gas Liquid Foam Whipped cream, foams 
for hair treatment or 
shaving 

Gas Solid Solid foam Pumice stone, sponges, 
expanded polystyrene 

Liquid Gas Liquid Fog, clouds, many sprays 
aerosol from cans 

Liquid Liquid Emulsion Oil and water salad 
dressing, milk, paints 

Liquid Solid Solid Butter, pearl, opal 
emulsion 

Solid Gas 

Solid — Liquid 

Solid aerosol Smoke, atmospheric dust 

* Sol, colloidal Toothpaste, gold sol, 
suspension sulphur sol 

Solid Solid Solid Coloured plastics 
suspension 

—_ee—— ssn a 

*Table adapted from: Shaw, D. J. (1970). Introduction to 
Colloid and Surfacé Chemistry, 2nd edn, Butterworths, London, 
Table 1.1 

One of the few things that all these products have in common 
is that they are colloidal. 

you can take large particles and make them smaller, or 
you can take small ones and make them larger. The first 
method is dispersal, the second is aggregation. An exam- 
ple of dispersion is making salad dressing out of oil and 
vinegar. Vigorous shaking of the two together breaks up 
the two layers of liquid into tiny droplets, many of which 
can be of a colloidal size. You can use an aggregation 
technique in some simple chemical reactions. For exam- 
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Colloidal solution, 
e.g. of sulphur 

Figure 23.7 The Tyndall effect. Colloidal particles scatter 
blue light, but allow red light through 

ple, if you mix sodium thiosulphate solution with acid, 
the solution becomes yellow in colour. This is due to the 
sulphur molecules made in the reaction clinging together 
to make colloidal particles. The product is a sulphur sol. 
Sols are colloidal systems in which a solid is dispersed in 
a liquid (see Table 23.1). 

A sulphur sol is a particularly good one to show the 
Tyndall effect (Figure 23.7). In this experiment you needa 
strong beam of white light, which passes through a 
beaker or glass trough containing the sol. If you look 
directly at the beam through the solution you see a red 
colour; but if you look through one side you see a blue 
colour. The reason for the effect is that blue light is 
scattered by particles of a colloidal size much more effi- 
ciently than red light. All sols should show the effect, but 
it can be hard to see for lyophilic sols (see below), or if 
the sol is strongly coloured. 

Colloidal particles sometimes will join together to 
make larger groupings, which we can see clearly. When 
this takes place we say that they have coagulated, or floc- 
culated. Chimneys over smoke fires are full of coagulated 
colloidal particles of carbon, i.e. soot. However, colloidal 
particles can remain intact for long periods of time. The 
reason is that they are often electrically charged. For 
example, during the chemical reactions in a fire, the 
particles adsorb a layer of negative charge on their sur- 
faces. Therefore, when the particles come close they 
repel rather than stick together. 

Some sols are easily made in the laboratory, e.g. a 
sulphur sol as noted above, or an iron(Im) oxide (Fe,O;) 
sol, which is prepared by adding drops of iron(m) 
chloride solution to boiling water. Indeed, sols may be 
made when insoluble substances are precipitated in 
water. This can be a problem if the solid is to be 
separated from the solution, because particles of col- 
loidal size will often pass through the pores in filter 
paper. However, as we shall see, there are ways of caus- 
ing sols to coagulate. 

In a sol the colloidal particles are present in a large 
volume of the continuous phase. If the concentration of 
the colloidal particles increases, there may come a time 
when links are made between them. When this happens 
the colloidal system is known as a gel. Some types of 
paint exist as gels. Their jelly nature makes them drip- 
free, and therefore somewhat easier to use than other 
paints. They can suffer from one disadvantage. If they are 



brushed or stirred too vigorously, the gel can be disrup- 
ted and a sol re-formed. The viscosity of a sol is much 
less than that of a gel, so the paint will begin to drip. The 
decrease in viscosity of many colloidal systems with the 
increased rate at which they are agitated is also respon- 
sible for the deadly nature of quicksand. The more that a 
creature trapped in the sand struggles, the more the 
structure of the colloidal quicksand is changed, and the 
faster the creature will sink. 
Whether a sol is negatively or positively charged 

depends on its nature, and the way it is made. If the 
charges are neutralised then there is little to stop the 
particles coming together and coagulating. The coagu- 
lation of some sols cannot be reversed. These are the 
lyophobic (solvent hating) sols (Figure 23.8). 
We can make use of the fact that many sols contain 

charged particles in an electrophoresis experiment 
(Figure 23.9). Here, a little of the sol is placed between 
two electrodes. Depending on their charge, the colloidal 
particles travel to the positively charged or the negatively 
charged electrode. 

Some colloids are lyophilic (solvent loving) sols (Figure 
23.10). Normally the coagulation of a lyophilic sol can 
be reversed. Gelatin in water is a lyophilic sol that you 
may have used in cooking, and almost certainly you will 
have eaten. The change from the (almost) solid gel (jelly) 
into liquid sol can be achieved by dissolving in hot water. 
The process is reversed by cooling. 

Biologically important colloids, often made out of pro- 
teins, are also lyophilic. The colloidal particles have a 
tendency to adsorb water molecules onto their surface 
owing to their ability to hydrogen bond with water mol- 
ecules. In addition they can trap ions such as H* or OH™ 
that may be in the water. 

Both lyophilic and lyophobic colloids can be coa- 
gulated by adding inorganic salts, but for different 
reasons. For example, proteins can be coagulated by 

Figure 23.8 The positive, or negative, charges on lyophobic 
colloidal particles keep them from coagulating. An electric 
double layer of charge is set up around each particle, e.g. a 
negatively charged particle will be surrounded by positively 
charged ions in the solution 

Negatively charged 
colloidal 
particles have 
travelled towards 
the positive electrode 
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surrounding lyophilic colloidal 
particles keep them from 

coagulating 

Figure 23.10 Lyophilic colloidal particles are surrounded by 
water molecules 

adding large quantities of ammonium sulphate to an 
aqueous solution of the protein. Ammonium sulphate is 
very soluble in water, and when large numbers of 
ammonium and sulphate ions are released into water, 
the water molecules are pulled away from the surface of 
the protein to make hydration spheres around the ions. 
When the protecting layer of water molecules around 

’ the protein is removed, the protein molecules begin to 
stick together and coagulate. A positively or negatively 
charged hydrophobic sol can be precipitated by adding 
ions of the opposite charge. See questions 23.10 and 
23.11 for an example. 
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23.7 In 1880 Tyndall compared ice and glass in this 
way: ‘The ice is music, the glass is noise — the ice is 
order, the glass is confusion. In the glass, molecular 
forces constitute an inextricably entangled skein, in 
the ice they are woven to a symmetric web.’ (Tyndall 
had a professional interest in ice as he was an 
extremely keen mountaineer.) Do you think Tyndall 
was right? 

23.8 To cut down on pollution, before smoke is 
allowed to escape from a factory chimney it should be 
passed through an electrostatic precipitator. You can 
see a diagram of one in Figure 23.11. Explain how the 
precipitator does its work of preventing pollution. 

23.9 Inthe lower layers of the atmosphere there is a 
great deal of dust. When the weather is fine it is 
possible to see the magnificent red colour of the set- 
ting Sun. What have these observations to do with 
colloids? 

23.10 Briefly explain why adding positively charged 
ions to a sol containing negatively charged particles 
of arsenic(ill) sulphide (As,S,) causes coagulation of 
the sol. 

23.11. There is a rule in colloid chemistry called the 
Hardy—Schulze rule. Essentially the rule says that, if 
you want to coagulate a colloid, it is best to use a 
highly charged ion of the opposite charge, rather than 
a lower charged ion. Arsenic(IIl) sulphide forms a 
negatively charged lyophobic sol. Which of the follow- 
ing solutions would be best at coagulating the sol: 

(i) a 0.5mol dm~* solution of aluminium sulphate, 

Al,(SO,)s; 

Answers 

23.1 Hydrogen bonds; see Unit 21. 

23.2 Statement (ii) is true. We know that gas mol- 
ecules move randomly, and that heat is connected with 

random motion, so it is most unlikely that they all have 
the same speed. However, to prove it is another matter. 
See Unit 35. 

23.3 Your program should generate patterns like those 
in Figure 23.3. If you have the chance to observe 
Brownian motion, you will find that the paths of the 
particles and the graphs are very similar. 

23.4 The accepted value of the Avogadro constant is 
6.02 x 107° mol’. Thus the error was 0.98 x 107° in 
6.02 x 107°; about 16%. 

23.5 The figures tell us that it is impossible to liquefy 
methane above —81.9°C. This means that the thermal 
energy available above this temperature is sufficient to 
stop the molecules sticking together. On the other hand, 
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Metal chimney 
connected tral Central metal rod to earth highly negatively 

charged 

Smoke in ——> Rapper 

Dust collects 

Figure 23.11 An electrostatic precipitator 

(ii) a 1mol dm~* solution of magnesium chloride, 
MgCl; 

(iii) a 1 mol dm~? solution of sodium nitrate, NaNO,? 

Assume that you use equal volumes of each solution. 

23.12 Why does smoke from a fire or a cigarette 
often have a blue tinge to its colour? 

23.13 Look at the list of contents of a bottle of salad 
cream. What might be the purpose of the stabilisers? 

the intermolecular forces in carbon dioxide are strong 
enough to make the molecules stay together even up to 
31.2°C. Methane has the weaker intermolecular forces. 

23.6 (i), (iii) Your graphs should look like those in 
Figure 23.12. 

(ii), (iv) The equilibrium separations are: oxygen, 
388 pm; methane, 429 pm. 

23.7 Yes. The structure of ice is regular owing to the 
hydrogen bonding between the molecules. Glass does 
not possess such an orderly arrangement as ice. 

23.8 Any charged particles, many of which are of col- 
loidal size, are attracted to the walls of the precipitator, 
where they lose their charge and coagulate. Uncharged 
particles that enter become charged owing to the 
intense electric field that is present. They too are 
deposited on the walls. The rapper is needed to vibrate 
the walls and dislodge the dust and smoke particles that 
stick to them. 



Answers — contd. 

Separation/pm 

Potential energy/J 

comes at 429 pm 

— 
o> ae ph 

Minimum for oxygen 
comes at 388 pm 

Figure 23.12 Potential energy curves for methane 

and oxygen 

Minimum for methane 

23.9 Dust in the atmosphere is often colloidal. When 
the Sun is low down on the horizon, light from it has to 
pass through a great deal of dust to reach your eyes. 
The blue part of the light is scattered away from your 
eyes. You see the red part of the spectrum, which 
remains. Red sunsets are the Tyndall effect on a large 
scale. 

23.10 A simple explanation is as follows. The added 
positive ions cling to the surface of the colloidal particles, 
neutralising the charge on the surface. Once this hap- 
pens there is little to stop the particles clinging together 
and coagulating. (In practice this explanation is an over- 
simplification. The way the added ions affect the electric 
double layer around the particles is complicated; but the 
repulsion between them /s reduced by the added ions.) 

23.11 We are looking for positive ions to coagulate the 
negative sol. Solution (i) is best. With their +3 charge 
aluminium ions, Al&*, are more efficient at causing coag- 
ulation than magnesium ions, Mg**, or sodium ions, 
Na*. 

23.12 The smoke is colloidal, so when it is viewed at 
an angle to the source of light, it appears blue; the 
Tyndall effect again. 

23.13 The salad cream contains oily droplets disper- 
sed in water. The stabilisers prevent the colloidal 
particles coagulating. 

UNIT 23 SUMMARY 

@ The three states of matter are solid, liquid, and gas. 
Solids have the most order, and gases the least. In 
liquids there is short-range order and long-range 
disorder. 

@ When two atoms or molecules approach each other, 
intermolecular forces attract them together. If 
they come too close, their electron clouds repel 
and they are forced apart. The potential energy 
curve is given by the Lennard-Jones (6-12) 

potential. 
e@ Glass is built mainly from tetrahedra of silica and 

oxygen atoms. There is disorder in glass very 
much like the disorder in liquids. 

© Colloids consist of particles between 5 and 1000 nm 
in diameter. 

© Colloidal particles exist as the disperse phase in a 
continuous phase. 

e@ The Tyndall effect is shown by many colloidal 
systems, which scatter blue light effectively but 
allow red light to pass through them. 

@ Lyophobic sols are kept apart by layers of negative or 
positive charges on their surfaces. They may 
undergo electrophoresis. 

@ Lyophilic sols are surrounded by a protective layer 
of water molecules. 
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24 
Three types of spectroscopy 

24.1 Emission and absorption 
spectra 

Spectroscopy is the main method we have of delving 
into the world of atoms and molecules. It can be used to 
discover the energies of electrons within atoms or mol- 
ecules. It can also help us to find out how the atoms are 
arranged within a molecule. The outcome of an experi- 
ment in spectroscopy is a spectrum. There are two main 
ways of obtaining a spectrum. The first method is to send 
electromagnetic radiation into a collection of atoms or 
molecules, and see if any of the radiation is absorbed. 
The result is an absorption spectrum. The second method is 
to give the atoms or molecules energy (e.g. by heating or 
passing electricity through them), and measure the type 
of electromagnetic radiation they give out, or emit. In 
this case an emission spectrum results. Summaries of these 
are shown in Figure 24.1. 

There is a type of spectroscopy for each of the main 
regions of the electromagnetic spectrum listed in Table 
24.1. You will see that radio waves have the lowest 
energy, and gamma-rays the highest. All the different 
types have things in common. For example, they can all 
show wave-like properties, and their wavelengths and 
frequencies can be measured. Similarly, they can all be 
thought of as being made up of photons. Table 24.2 lists 
the key equations that allow us to calculate the energy of 
the photons if we know the frequency or wavelength. 

In the remainder of this unit we shall take a brief look 
at each type. We shall start with the variety that requires 
the most energy, and finish with the kind that needs the 
least energy. If you want a more detailed explanation of 
how electromagnetic radiation and molecules influence 
one another, read sections 24.6 to 24.9. 

24.2 Electronic spectroscopy 

The emission spectrum of hydrogen atoms is shown in 
the photo in Unit 9. This type of spectrum is an atomic 
spectrum. It is produced by electrons moving between 
their various energy levels. Because the energy levels 
belong to the electrons, the spectrum can also be called 
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an electronic spectrum. Generally it is easy to spot an 
electronic spectrum of an atom because it is made up of 
lines. Molecules can also have an electronic spectrum. 
However, the spectrum does not show the sharp lines 
that are found with atoms. You will find an explanation 
of the reason for this in Unit 25. Electronic spectroscopy 
is a high energy kind of spectroscopy. If electromagnetic 
radiation is to cause electrons to move between energy 
levels, it must be in the ultraviolet or visible regions of 
the spectrum. When electrons are held especially tightly 
to their parent atoms, then even X-rays may be needed 
to cause transitions. 

24.3 Vibrational spectroscopy 

Imagine you were scaled down to the size of atoms, and 
that you found yourself in a bottle of water vapour. If 
you were the oxygen atom in one of the water molecules 
and you looked about you, you would see the hydrogen 
atoms performing a rather erratic dance. The hydrogen 
atoms would not be at a constant distance from you, 
neither would the bond angle always be 104.5°. In short, 
the hydrogen atoms would be constantly vibrating 
(Figure 24.2). The oxygen—hydrogen bonds have 
vibrational energy. 

If photons with the right energy strike water mol- 
ecules, they can cause the molecules to vibrate more 
violently. As in the case of electrons, the vibrations of 
molecules are quantised. That is, molecules can vibrate 
with particular amounts of energy, whose values are 
determined by a quantum number (the vibrational 
quantum number). The energy needed to make mol- 
ecules vibrate comes in the infrared region of the spec- 
trum. For this reason, when chemists speak of 
vibrational spectra or infrared spectra they usually mean 
the same thing. We shall concentrate on vibrational 
spectroscopy in Unit 27. 

24.4 Rotational spectroscopy 

If we move past the infrared part of the electromagnetic 
spectrum we come to the microwave region. Again, if 
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Figure 24.1 The origin of (a) absorption and (b) emission spectra 
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Figure 24.2 Three of the ways in which the atoms in a water 
molecule can vibrate 

Table 24.1. Types of electromagnetic radiation 

Type Typical Typical wave- 
frequency/Hz — length/m~' 

Radio waves (Low energy) 3x10? 10? 
Microwaves 3x10 Oss 
Infrared Bale a Ome 

Visible light ao Oe 10. 
Ultraviolet light xx LOL lo°8 
X-rays axTo" Wie ie 
Gamma-rays (Highenergy) >3X10"* a0 

Table 24.2. Key equations for electromagnetic 
radiation* 

speed = frequency X wavelength c=fi 

energy = Planck constant x frequency E=hf 

— Planck constant x speed of light E=he/ir 

wavelength 

*In a vacuum the speed of all electromagnetic radiation is c = 
2.998 10° ms_'. The Planck constant is h = 6.62610 ** Js 

you were a molecule, not only would you be vibrating, 
you would also be tumbling about. That is, you would be 
rotating and you would have a corresponding amount of 
rotational energy (Figure 24.3). As you might expect, 

_ rotational energy is quantised, so photons that have the 
correct energy can cause molecules to change from a 
lower to a higher rotational energy level. The energy of 
the rotational level depends on the rotational quantum 
number. For our purposes, we can ignore rotational 
spectroscopy. It does provide chemists with important 
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Figure 24.3 Molecules, e.g. H2O, can rotate about three axes 

information, but on a day-to-day basis vibrational spec- 
troscopy is far more useful. 

24.5 Translations 

If you have succeeded in using your imagination to visu- 
alise the vibrations and rotations of a molecule, you may 
realise that we have missed out one type of movement. 
This is the movement of the molecule as a whole from 
one place to another. You can think of molecules in a gas 
behaving like’a swarm of tiny billiard balls constantly 
charging about from one side of the container to 
another. Molecules moving like this are said to be 
translating from one place to another (Figure 24.4); they 
have translational energy. (You may be more familiar with 
the common name for translational energy: kinetic 
energy.) 

O 
Figure 24.4 When an atom or molecule moves from one posi- 
tion to a completely different position, we say that it has 
undergone a translation 

O 

Strictly, translational energy is quantised; but it turns 
out that the energy gap between two translational 
energy levels is so small that we cannot measure it. 
Therefore you will not discover examples of ‘transla- 
tional spectra’. For all intents and purposes we can forget 
about the quantisation of translational levels and treat 
them as if they formed a continuous band. 

These results are summarised in Table 24.3 and Figure 
24.5. 

24.6 Electromagnetic waves 

All electromagnetic waves have an electric field and a 
magnetic field associated with them. The electric and 
magnetic fields are always at right angles to each other. 
The sizes of the fields change in time; so do the directions 
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Table 24.3. Three types of spectroscopy 

Energy change Type of spectroscopy Region of spectrum 

Transfer of electrons Electronic X-ray, ultraviolet, 
between orbitals visible 

Changeinamount Vibrational Infrared 
of vibration 

Change in amount Rotational Microwave 

of rotation 

None — the energy changes are too 
small to measure 

Change in amount 
of translation 
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Figure 24.5 The energy of a molecule can be split into elec- 
tronic (E), vibrational (V) and rotational (R) energy levels 

in which they point. In fact, the fields behave like vec- 
tors. The electric field vector is written F, and the 
magnetic field vector as B. The way that F and B change 
is shown in Figure 24.6. 



Electric field 

Figure 24.6 The electric and magnetic field vectors are mutu- 
ally at right angles. In the diagram, the electric field oscillates 
in the xz plane and the magnetic field in the yz plane 

24.7 The electric field and electrons 

Electrons have a negative charge. This means that they 
can be attracted by positive charges, or repelled by nega- 
tive charges. Suppose that two metal plates are coated 
with charges, positive on one and negative on the other. 
An electric field is set up between the plates. The direc- 
tion of the field is shown in Figure 24.7 by the arrows. 

Notice that the direction of the field goes from positive 
to negative. If electrons are placed between the plates, 
they will move away from the negative plate and 
towards the positive plate. That is, the electrons move 
under the influence of the electric field between the 
plates. Now imagine that the charges on the plates sud- 
denly change so that the positive plate becomes negative 
and vice versa. Immediately, the electrons will reverse 
their direction of travel. If the field keeps changing its 
direction then the electrons would oscillate backwards 
and forwards. The kinetic energy they have is given to 
them by the field. 

Now, if you concentrate on the field rather than the 
plates, you have a picture of what can happen when the 
electric field of electromagnetic radiation encounters the 
electrons in an atom or molecule. By virtue of the electric 
field F, the electromagnetic radiation can give up its 
energy to the electrons. For this to work properly, we 
have to be careful to take account of the fact that the 
energies of the electrons in an atom or molecule are 
quantised. Electrons in atoms or molecules cannot gain 
just any amount of energy. As we have seen the energy 
has to be exactly equal to the difference between two 
energy levels (Figure 24.8). ff this difference is AZ, then 
using Planck’s equation, the frequency of the radiation 
must be such that AE=/Af (A is a Greek letter called 
‘delta’). 

Direction of electric field 
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(a) Fixed direction of electric field 

Alternately Alternately 
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backwards and forwards 

(b) Electric field changing direction 

Figure 24.7 The movement of electrons is influenced by elec- 
tric fields. By causing them to move, the electric field gives 

energy to the electrons 
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Figure 24.8 The electric field of an incoming photon can give 
energy to an electron. If the photon has the right frequency, 
the electron can move to a higher energy level 

24.8 The magnetic field and 
electrons 

The easiest way for electromagnetic radiation to interact 
with electrons is for the electric field to give them energy. 

_ However, it is possible for the magnetic field B to give 
energy as well. The electric field attempts to force an 
electron to oscillate ‘up and down’ in time with the 
oscillation of the field F. The magnetic field works in a 
somewhat different way. This field attempts to make an 
electric charge move in a circular path. Usually this is a 
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much harder task than the electric field has to perform. 
For this reason, in the majority of cases, it is possible to 
ignore the influence of the magnetic field. 

24.9 Selection rules 

If an electron in an atom is to be influenced by the 
electric field of, say, a light wave, then the electron must 
be able to move in the same direction as the field. That is, 
the movement of the electron must be ‘stretched out’ 
more in one direction than another. If you look at Figure 
24.9 you should be able to see that a change from a Is to 
a 2s electron does not do this. Both these orbitals are 
spherically symmetric — they favour no direction more 
than another. On the other hand, a change froma Is toa 
2p orbital does bring about a ‘stretch’. 

2s 

A transition between two s orbitals 
eannot take place 

Ope 
A transition between a 1s and a 2p 
orbital can take place 

1s 

Figure 24.9 Transitions can take place only if the motion of an 
electron is ‘stretched’ out 

Basically this is the reason why Is to 2s transitions do 
not occur, while 1s to 2p transitions do occur. We say that 
1s to 2s transitions are forbidden; and that 1s to 2p transi- 
tions are allowed. There is a set of rules that summarise 
this type of information about allowed and forbidden 
transitions. They are called selection rules. Table 24.4 lists 
the more important selection rules. 

One result of the selection rules is that some spectral 
lines that might be expected from the energy level 
diagram of an atom do not occur. This is shown in Figure 
24.10. 

Table 24.4. Important selection rules 

Allowed transitions Forbidden transitions 

s to s orbitals 

s to d orbitals 

p to p orbitals 
d to d orbitals 

s to p orbitals 

p to d orbitals 

140 Physical Chemistry 

3d “ae 3d 

4s 4s 

3p 3p 

3s 3s 

2p 2p 

ke 
Allowed Forbidden 

Figure 24.10 Examples of allowed and forbidden transitions 

You should now understand a little about electro- 
magnetic radiation and how it causes electrons to move 
between some energy levels but not others. In the com- 
ing five units we will make use of these ideas, and 
develop them further to explain other types of spec- 
troscopy, especially those that involve molecules rather 
than individual atoms. 

24.1 Whatis the energy of a microwave photon hav- 
ing a wavelength of 10cm (0.1m)? 

24.2 Microwaves cause molecules to rotate more 
energetically. Use your answer to the last question to 
estimate the difference between two rotational energy 
levels. 

24.3 It takes about 40 kJ to change 18g of water to 
steam. If 18g of water were placed in a microwave 
oven using 10cm waves, how many photons would 
have to strike the water and give up their energy to 
convert 18g of water to steam? 

24.4 Suppose an electromagnetic wave causes an 
electron to move from a 1s to a 2p, orbital. Draw a 
diagram showing the three x, y and z axes and these 
two orbitals. What should be the direction of the elec- 

| tric field of the wave? That is, should it be in the x, y, 
or z direction? 



Answers 

24.1. Using E=hc/i gives E=1.98 x 10°** J. 

24.2 The difference must be of the same energy as the 
photons that are absorbed, i.e. the same energy as in 
the answer to question 24.1. 

24.3 The number of photons is 40x 10°J/ 
(1.98 x 10-24 J) = 2.02 x 1028. 

24.4 The diagram is shown in Figure 24.11. To stretch 
the motion of the electron in the z direction, the electric 

field must be in the z direction as well. 

Figure 24.11 Diagram for answer to question 24.4 

UNIT 24 SUMMARY 

e@ Emission spectroscopy measures electromagnetic atomic), infrared (or vibrational) and microwave 
radiation given out by atoms and molecules. (or rotational). 

@ Absorption spectroscopy measures electromagnetic e Planck’s equation AE=hf gives the connection 
radiation taken in by atoms and molecules. between the frequency of radiation and the energy 

@ Important types of spectroscopy are electronic (or gap between the energy levels involved. 
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ae 
Visible spectroscopy 

25.1 Why does copper(II) sulphate 
solution look blue? 

To begin with we should realise that the colour of an 
object is not fixed: it depends on the colour of the light 
falling on it. For example, if copper(m) sulphate solution 
is placed in sunlight, i.e. white light, the solution looks a 
royal blue. If,, however, it is placed in a photographic 
dark room that has a red safety light, the solution looks 
black. The reason for this is that copper(m) sulphate 
reflects blue light very efficiently; but it absorbs light of 
most other colours, especially light in the red area of the 
visible spectrum (Figure 25.1). 

Solution of 
copper(I!) sulphate 

Absorbed 

Blue reflected 

B 
Figure 25.1 Copper(ii) sulphate solution looks blue because 
it absorbs most of the other colours in the spectrum 

Beam 
splitter 

This means that in the dark room, where there is only 
red light shining on the solution, the photons of red light 
are absorbed by the copper(il) sulphate. There are no 
photons of blue light to be reflected by the solution, so 
no light reaches our eyes and the solution looks black. 

25.2 The visible spectrum of 
copper(I) sulphate solution 

If we pass light of various frequencies through copper(1) 
sulphate solution, we should expect to find that very 
little red light would pass through the solution. On the 
other hand, blue light should pass through very easily. 
This much we can predict; but we do not know with any 
accuracy the exact frequencies of the light that copper(1) 
sulphate solution absorbs. For example, does it absorb 
light in the green region of the spectrum? The way to 
find this out is to use a visible light spectrometer. A diagram 
of this instrument is shown in Figure 25.2, and a picture 
of a real spectrometer is shown in the photo. 

The first thing to do when using the spectrometer is to 
place a little of the solution, in this case copper(t) sul- 
phate, into a sample tube (called a cuvet). An exactly 
similar tube is filled with water. This is the reference 

Reference 
tube Comparator 

Light Rotating 
source diffraction 

grating 
Move 

ment \inked 

Figure 25.2 A block diagram of a spectrometer. The wavelength of light entering the sample and reference depends on the 
position of the diffraction grating. The movement of the grating is linked to the movement of the chart table. The comparator 
compares the degree of absorption by the sample and by the reference. The output of the comparator moves the pen on the chart 
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A typical modern visible/ultraviolet spectrometer which can 
output data to a visible display unit, and printer. 

tube. A chart paper marked with a range of frequencies 
corresponding to visible light is placed on the recording 
table. When the spectrometer is switched on, the pen on 
the recording table moves up and down while the 
recording table travels from right to left under the pen. In 
this way a pattern is obtained on the chart paper that 
looks like that shown in Figure 25.3. The resulting chart 
is called the visible spectrum of copper(l) sulphate 
solution. 

The vertical axis of the chart is marked from 0% to 
100% absorption. That is, if the line reaches the 0% line, 
it means that light of that frequency passes right through 
the solution. If the line reaches the 100% line, this 
means that no light of this frequency gets through the 
solution. 

100% 

Absorption 

0% 
300 400 BOLO 

Table 25.1. The wavelength of colours in the 
visible spectrum* 

Wavelength/nm Colour 

(below 320 Ultraviolet) 
380 Violet 
420 Blue 
440 Cyan 

500 Green 
560 Yellow 

580 Orange 
720 Red 

(above 900 Infrared) 

*These figures are only a guide. You will know from looking 
at a rainbow that the colours merge imperceptibly into one 
another 

The spectrum shows that light with wavelength in 
the range 580 to 900nm is heavily absorbed. This 
region corresponds to the yellow, orange and red 
regions of the spectrum. The part of the spectrum in the 
range 340 to 580nm is the violet, blue and green 
regions of the spectrum; see Table 25.1. The low value 
for the absorption shows that, as we expected, blue light 
is only slightly absorbed. 

25.3 How does a visible light 
spectrometer work? 

White light is split up into its component frequencies by 
passing it through a diffraction grating. By rotating the 
grating, light of any particular frequency can be made to 

Orange 
id Bal 

600 700 800 900 

Wavelength/nm 

Figure 25.3 Visible spectrum of copper(ii) sulphate solution 
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pass through the slit. At the same time as the grating 
rotates, the recording table on top of the machine is 
made to move. The amount of movement corresponds to 
the frequency of the light being passed through the slit. 

After leaving the slit the beam is split into two. Both 
halves pass through a series of lenses and prisms to make 
sure they are focused properly. Then one beam passes 
through the sample tube, and the other beam through 
the reference tube. After passing through the tubes, the 
beams are compared by a rather complicated piece of 
electronics. In effect the electronics subtracts one beam 
from the other. The final signal that is sent to the pen is 
therefore due to the copper(l) sulphate rather than to 
the water, which is in both tubes. The higher the pen 
moves up the chart paper, the more light is being 
absorbed. 

25.4 What happens to the photons 
absorbed by copper(II) sulphate 
solution? 

In copper(i) sulphate solution, each copper(t) ion has 
four water molecules joined to it, Cu(H,O),** (Figure 
25.4). This ion is an example of a complex ion, about 
which you will learn a great deal more in Unit 105. If 
you look at the colour of solutions of other copper(t) 

’ salts in water, e.g. nitrate or chloride, you will find that 
they too are blue or blue/green. This suggests that the 
colour of copper(I) salts in water is due to the same 
Cu(H,O),?* complex ion rather than to the other ions in 
the solution. 

Figure 25.4 The structure of the tetraaquocopper(ii) ion, 

Cu(H,0),?* 

The presence of the four water molecules, each with a 
lone pair, causes some of the 3d orbitals on the copper(t) 
ion to change their energies in the way shown in Figure 
25.5. It so happens that red light has just the right 
amount of energy to cause electrons in the lower energy 
levels to be excited into the upper energy levels. This 
leaves the blue region of the spectrum unaffected; so the 
solution looks blue. 
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E = hf, with f corresponding to the 
frequency of red light (mainly) 

(a) (b) 

Figure 25.5 The colour of copper(t) sulphate solution is due 
to electrons moving between 3d orbitals on the Cu?* ion. 
(a) The 3d orbitals in an isolated Cu** ion all have the same 
energy. (b) When water molecules (or other groups) bond 
with the ion, the energies of the 3d orbitals change. Only two 
of the energy levels are shown here. For more details see Unit 
105 

25.5 Why vibrations are important 
in visible spectra 

If you have understood this explanation of why cop- 
per(1) sulphate solution looks blue, there may still be 
one or two problems that might worry you. For example, 
what happens to the electrons once they arrive in the 

upper energy level? If they fall down to the lower level, 
surely they will give out light in the red region of the 
spectrum? If they did this, the solution would appear 
colourless. Well, we know that the solution is not 
colourless. Also, we know that electrons in a higher 
energy level will find their way to a lower level if they 
can. A common way is for them to drop down giving out 
light in the process. However, there is another way for 
them to lose energy. The energy they have been given by 
the light can be passed on to the rest of the complex ion 
by making it shake or wobble about more strongly than 
it did before. In fact the extra energy is passed on not 
only to the electrons but to the ion as a whole: the ion 
vibrates more strongly than before. 

The result of all this shaking about is that the electrons 
lose the energy they gained; but they do not lose it by 
giving out light. The extra energy goes into increasing 
the vibrational energy of the complex ion. 

Vibrations have another important part to play in the 
visible spectrum of this complex ion, and other ions or 
molecules. Imagine yourself to be an electron on the 
copper ion. As we now know, the water molecules in the 
complex ion will be vibrating; i.e. they will be moving 
backwards and forwards. You would mainly feel the 
effects of the negative charges of the electrons belonging 
to the oxygen atoms of the water molecules. Sometimes 
the electrons would be near to you, sometimes further 
away. You would feel a variety of strengths of repulsion. 
When the repulsions were strong, your energy would 
increase; when the repulsions were weaker, your energy 
would decrease. With a little thought you should under- 



stand that you, as an electron, would not have a fixed 
energy. Your energy level would be changing from one 
moment to the next. Therefore the energy level diagram 
of Figure 25.5 is rather unrealistic. The energy gap 
between the top and bottom levels is not fixed, but 
changes. The result is that light of a range of frequencies 
can excite an electron from the lower to the upper level. 
This is the reason why the visible spectrum of copper(i1) 
sulphate solution consists of a broad band, rather than 
the sharp lines that we find in an atomic spectrum. 
Incidentally, vibrations have an even more important 
influence than we have discovered so far. Surprisingly, if 

25.1 Red light consists of photons with frequencies 
of the order of 4.6 x 10-'® Hz. What is the value of the 
energy gap between the 3d orbitals of Figure 25.5? 

25.2. Figure 25.6 shows the visible spectrum of a 
solution containing a transition metal complex. What 
range of frequencies of light are absorbed the most? 
What colour would you expect the solution to have? 

Absorption 

1250 850 650 500 420 

Wavelength/nm 

Figure 25.6 The spectrum of Ni(H,O),2* 

25.1 Using Planck’s equation E=hf gives E=3.05 x 
10°57: 

25.2 There are three regions where the complex ion 
absorbs. The strongest is between 360 and 420nm. 
This corresponds to absorption in the blue region of the 
visible spectrum. Another band centred around 700nm 
represents the absorption of red light. This leaves the 
yellow and green regions unaffected. If you make up a 

copper(II) complex ions did not vibrate at all, they would 
be colourless. The reason is that transitions between d 
orbitals are forbidden. You will find the explanation for 
this in Unit 105. If the orbitals of Figure 25.5 were purely 
3d orbitals, light could not excite electrons from one 
orbital to another. The vibration of the complex ion has 
the result of mixing other orbitals with the 3d set. Thus, 
the 3d set can get mixed up with 3p orbitals. Now, a 
p to d transition is allowed. So once the orbitals get 
mixed up, transitions are possible. We can thank vibra- 
tions for the superb colour of copper(t1) sulphate solu- 
tion (and many other transition metal ion solutions). 

25.3 If you were to take the spectrum of a solution 
that contained Cu?* ions together with an ammonia 
solution, you would find it looks like Figure 25.7. What 
colour would the solution appear? 
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Figure 25.7 Absorption spectrum for a solution 
containing copper(ii) ions and ammonia 

solution of, say, nickel(II) sulphate in water, you will find 
it looks a definite green colour. The colour is due to 
Ni(H,O),?*. 

25.3 The spectrum shows that there is a great deal of 
light absorbed in the range 450 to 800 nm. This covers 
all but the blue region of the spectrum. The solution does 
indeed look a very deep blue. The colour is due to 
Cu(NH,),7* ions. 

UNIT 25 SUMMARY 
ee 

@ The colour of a chemical corresponds to the colour 
of light that is not absorbed by the chemical; e.g. 
copper(II) sulphate solution appears blue because 
it mainly absorbs red light. 

e Light is absorbed when the frequency of the light 
corresponds to the energy gap AE between two 
orbitals given by Planck’s equation AE= hf. 
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26 
Ultraviolet spectroscopy 

26.1 The ultraviolet spectrum of 
alkenes 

At the higher energy end of the spectrum of visible light 
lies indigo and violet. Just after the violet comes invisible 
ultraviolet electromagnetic radiation. Many visible light 
spectrometers are built so that they can pass ultraviolet 
light through the sample as well. Some molecules that 
appear colourless to our eye give very strong peaks and 
troughs in the ultraviolet. Among the most important are 
organic molecules. 

Alkenes have one or more double bonds in their mol- 
ecules. We worked out the bonding in the simplest one, 
ethene, in Unit 16. Ethene is colourless, which is a short- 
hand way of saying that it does not have a visible spec- 
trum. However, it does have an ultraviolet spectrum. 
There is a strong peak at a wavelength of about 
162.5nm. This causes a transition of an electron from 
the a bonding orbital to the x* antibonding orbital 
(Figure 26.1). Transitions like this are to be found in any 
alkene. However, some alkenes have more than one 
double bond, and it is interesting to see what happens to 
the energy of the x to 1* transition as the number of 
double bonds increases (Figure 26.2). Some figures are 

Figure 26.1 One of the electrons in the x bond of ethene can 
be knocked out by a photon and go into the x* antibonding 
orbital. (Note: (i) the hydrogen atoms are not shown: (ii) a x* 
orbital has four lobes, which make up a single orbital) 
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Increasing delocalisation of electrons 
in a orbitals of alkenes 

Figure 26.2 As the number of overlapping zx orbitals in 
alkenes increases, the splitting between the x and x* orbitals 
decreases. (Note: the diagram shows the general trend, not 
the actual changes in energy, which affect the x as well as 1* 
orbitals) 

given in Table 26.1. As the number of double bonds 
increases, the m bonds between neighbouring carbon 
atoms get mixed up with one another. You can see this 
in Figure 26.3 for buta-1,3-diene. It is difficult to isolate 
individual «= bonds in the way that ne formula 
CH,—CH—CH—CH, suggests. 

Molecules where double bonds alternate with single 
bonds like they do in the molecules of Table 26.1 (except 
for ethene, of course) are known as conjugated alkenes. 
The greater the number of alternating single and double 

Table 26.1. Energies of x to x* transitions in 
alkenes 

Alkene Wavelength Frequency Energy 
/om. /103* Hz /kJ mol! 

Ethene 162 18.5 740 

Buta-1,3-diene AG 13.8 550 

Hexa-1,3,5-triene 265 1 bes} 450 

Vitamin A 360 8.3 330 

Carotene 451 6.6 260 
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The overlap of four separate p orbitals leads to a 
delocalised x orbital 

Figure 26.3 The usual way of writing the formula of buta-1,3- 
diene is CH,—=CH—CH=CH,. However, molecular orbital 
theory says that instead of two separate x bonds, there is a set 
of x bonds that can spread over the carbon atoms. The 
electrons in the x orbitals are delocalised over the entire 
molecule 

bonds, the lower is the energy needed to move an 
electron from a x bonding to a x* antibonding orbital. 
The diagrams in Figure 26.2 illustrate how electrons in 
the lowest energy x orbital spread over the entire mol- 
ecule. The electrons are said to be delocalised over the 
molecule. 

Whenever electrons are delocalised, the 
energy of the orbitals decreases. 

(However, it turns out that the energies of the x* anti- 
bonding orbitals are reduced to a greater extent than the 
zt bonding orbitals.) 

Given its name, you may not be surprised to discover 
that carotene is the substance responsible for the orange 
colour of carrots. That is, carotene’s x to x* transition is 
reduced in energy to such an extent that it occurs in the 
visible part of the spectrum and not in the ultraviolet. 
Incidentally, carotene is also used as a food colouring, 
especially in ‘orange’ ice cream. 

26.2 The ultraviolet spectrum of 
arenes 

Arenes are organic compounds that contain one or more 
benzene rings. The electrons in benzene are spread 
around the hexagonal ring of carbon atoms (Figure 
26.4). 

There are many compounds that appear to be built 
from benzene rings. Two of them are shown in Figure 
26.5. The absorptions are caused by electrons moving 
between x and x* orbitals. (The smaller peaks and 
troughs are caused by vibrations of the molecules.) The 
peaks occur at around 280nm for naphthalene and 
250 nm for benzene. This shows the general trend: the 
peaks move to higher wavelength (lower energy) as the 
molecule becomes more complicated. The same thing is 

Delocalised x cloud of 

electrons 

Figure 26.4 There is a x cloud of electrons that Spreads all 
round a benzene ring 

happening here as with the conjugated alkenes. The x 
electrons can move from one ring to another: the x 
electrons are delocalised over the entire molecule. The 
greater the amount of delocalisation, the smaller is the 
energy gap between the x orbitals. 

26.3 The ultraviolet spectrum of 
aldehydes and ketones 

Aldehydes and ketones have one particular feature in 
common: they both have a carbon atom joined to an 
oxygen atom by a double bond (Figure 26.6). 

As with double bonds in alkenes, the x bond between 
a carbon atom and an oxygen atom has a x* antibonding 
orbital associated with it. Also, on the oxygen atom there 
are two lone pairs of electrons (like there are in a water 
molecule). If the ultraviolet light has the right energy it 
can knock an electron out of one of the non-bonding 
(lone) pairs of electrons into an empty x* orbital. This 
type of transition is written n—z*. Alternatively, an 
electron can be knocked out of the x bonding orbital into 
the x* antibonding orbital. This transition is written 
u—m*. The ultraviolet spectrum of propanone has two 
peaks. The one around 190nm corresponds to a n>2* 
transition; that near 280 nm is a n->x* (Table 26.2). This 
is a common pattern for aldehydes and ketones. 
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Figure 26.5 The ultraviolet absorption spectra of (a) benzene, in ethanol as a solvent, and (b) naphthalene, in methanol as a 
solvent 

, Two lone, non-bonding, 
pairs of electrons 

Two electrons 
in m cloud 

Figure 26.6 The dotted regions indicate the four lobes of a x* 
antibonding orbital. Electrons from the a or non-bonding 
orbitals can reach the x™* orbital if they are given the right 
amount of energy 

Table 26.2. Energies of ultraviolet transitions in 
aldehydes and ketonest 

Transition Wavelength Frequency Energy 
/om /10"* Hz /kJ mol! 

n—-> 1* 300 10.0 400 

> 1 200 15.0 600 

tThe wavelengths given are only approximate. The actual 
value depends on the particular molecule 

UNIT 26 SUMMARY 

@ Many organic molecules absorb in the ultraviolet 
region of the spectrum. 

@ Absorptions by alkenes and aromatic compounds are 
often due to m—>2* transitions. 

148 Physical Chemistry 

e Absorptions by aldehydes and ketones are due to 
n—>sa* and t—<2”* transitions. 



“Aa 
Vibrational spectroscopy 

27.1 Why is vibrational spectroscopy 
useful? 

The energy needed to excite the bonds in a compound, 
making them vibrate more energetically, occurs in the 
infrared region of the spectrum. If we pass a beam of 
infrared radiation of varying frequency through a sample 
of a chemical, then from time to time the energy of the 
beam is absorbed. This happens when the energy 
matches the difference between vibrational energy levels 
belonging to the bonds. The machine that measures the 
amount of energy absorbed is an infrared spectrometer. 
The machine is designed so that the pen moves down- 

wards if radiation is absorbed, so a vibrational spectrum 
shows a series of dips or troughs. A typical example is 
shown in Figure 27.1. 

Across the bottom is a scale that shows the wavenum- 
ber. (Note that it is common to have a change of scale at 
2000 cm~', as here.) Tradition has it that the wavenum- 
ber scale is the one that people use in vibrational spec- 
troscopy. To obtain the wavenumber, you have to 
calculate 1/wavelength. Wavenumbers are recorded in 
units of cm™’ rather than m™!. In fact, wavenumber is 
proportional to frequency. In the same way that high 
frequency implies high energy (remember Planck’s 
equation, E=hf), so high wavenumber implies high 
energy, and vice versa. 
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25 3 4 5 7 8 9 10 12 14 16 

100 

80 

QD oO 

Transmission/% Lh oO 

20 

0 

4000 3500 ~ 3000 2500 2000 

Wavenumber/cm — 

1800 

G2, IAS ee Sel Sa aS ay a a 

1600 1200 1000 800 600 
1 

1400 

Figure 27.1 The infrared spectrum of ethanol, CH;CH,OH. The band at around 3300cm—’ is typical of alcohols. It is due to the 
stretching of the O—H bond 
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Figure 27.2 Spectra of two organic compounds. One of them belongs to an alcohol, one does not 
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The scale on the side shows the degree of transmission 
of the radiation. The higher the transmission, the less 
radiation is absorbed, and vice versa. You will see that in 
the spectrum there is a strong dip at around 3300 cm! 
and another one around 1050cm~!. These dips are cal- 
led bands. Both bands are said to be strong (because of the 
large amount of absorption), and the one at 3300 cm! is 
broad (because it spreads over quite a wide range of 
frequencies). The 3300cm™' band is caused by the 
stretching of the hydrogen—oxygen bond; the 1050 cm™! 
band is produced by the stretching of the carbon—oxygen 
bond. These bands are always found in the vibrational 
spectra of alcohols (organic compounds with OH groups 
in them). This shows us that: 

One use of vibrational spectroscopy is in the 
| identification or analysis of compounds. 

From an infrared spectrum we can often identify the 
major types of bond in a compound. 

27.1. Look at the spectra shown in Figure 27.2. 
Which of them belongs to an alcohol? 

27.2 What are group frequencies? 

You have already met two group frequencies. The bands 
at 3300 cm“! and 1050 cm’ are characteristic of the OH 
group in alcohols. (An alcohol always has a carbon to 
oxygen bond as well as the oxygen to hydrogen bond.) 
These are examples of group frequencies. However, it 
would be a mistake to think that the bands are always at 
these frequencies. The bands tend to move slightly 
depending on the nature of the rest of the molecule. 
Often the substance whose spectrum is being taken is 
dissolved in a solvent. The group frequencies can change 
depending on the nature of the solvent, and on factors 
such as the degree of hydrogen bonding in the sample. 

It is usually a mistake to look for only one character- 
istic band in a spectrum. For example, you are more 
likely to identify an alcohol correctly if you spot the two 
bands at around 3300cm™! and 1050cm"!. 

There are a large number of group frequencies. Some 
are listed in Table 27.1. The frequencies are listed 
together with a letter, s, m and w, which stand for 
strong, medium and weak respectively. 

27.2 Which solvent would be better to use when 
taking an infrared spectrum: an alcohol or a liquid 
alkane? 

27.3 Why might the 3300cm~' band of ethanol be 
much less broad if ethanol vapour is used rather than 
the liquid? 

Table 27.1. Table of infrared group frequencies 

Vibration Type of molecule Group frequency/cm ' 

C-H stretch Alkanes, alcohols, 2800-3000 (s) 
ethers 

C-H stretch Aldehydes 2700-2900 (w), 

ze O especially 2720 

ork aS 

C-Hstretch Alkenes 3010-3095 (m) 
C-Hstretch Alkynes around 3300 (m) 

O-H stretch Alcohols, phenols 3200-3600 (s) 
O-—H bend Alcohols, phenols 1260-1410 (s) 
O-H stretch Acids 2500-3000 (s) 

N-H stretch Amines 3300-3500 (m) 

C—C stretch Alkanes 700-800 (w) 
C=C stretch Alkenes 1620—1680 (varies) 
C=C stretch Alkynes 2100-2140 (w) 
C—C stretch Aromatics* around 1500 (m) 

C—O stretch Alcohols 1040-1150 (s) 

C—O stretch Ethers 1070-1150 (s) 
C=O stretch Esters 1735-1750 (s) 

C=O stretch Aldehydes 1720-1740 (s) 
C=O stretch Ketones 1705-1725 (s) 
C=O stretch Carboxylic acids 1700-1725 (s) 

C=N stretch Nitriles 2000-2500 (s) 

C—Hbends Occur over a wide range of frequencies, 
mainly between 850 and 1500 cm™’. 
However, non-aromatics tend not to absorb 
below 900 cm7!; aromatics do absorb below 

900 cm7! 

*Aromatics are benzene derivatives, i.e. contain a benzene 

ring or rings 

27.3 Making sense of vibrational 
spectra 

First, you will notice from Table 27.1 that many of the 
different group frequencies overlap (for example, the 
C—H stretch in alcohols and ethers). This can make life 
difficult, but fortunately it is not often necessary to ident- 

ify every band in a spectrum. Usually there are several 

bands that taken together give a very good guide to the 

nature of the compound (Figure 27.3). Examples of such 

bands are identified in the vibrational spectra of three 

compounds shown in Figure 27.4. Especially, the 

presence or absence of the stretching frequency of 

carbonyl groups ( > C=O groups) provides a clue to 
the type of compound. (Few other groups overlap with 

this part of the spectrum.) 
The region of a spectrum above 1500cm™' usually 

contains the bands that belong to particular groups, like 

OH and pe O. The region below 1500cm™! often 

consists of many different, complicated bands. The 

region is called the fingerprint region. The pattern in this 
region is different for every molecule. For a chemist it 
can serve the same purpose as human fingerprints in 
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detective work. By comparing the fingerprint regions of 
known and ‘unknown’ compounds the ‘unknown’ can 
be identified. 

The vibrational spectrum is only one piece of evidence 
that would be used to identify a compound. For exam- 

ple, it would be analysed to discover which elements it 
contained, and its molecular mass would be determined 
using a mass spectrometer (see Unit 29). 

You can test your skill at identifying some om, 
by trying the next few questions. 

CH Cr 

2800- 800-1500 
3300 

N—H 
C=€ C—=¢ 

2100- 1600- 
3300-— 2200 1700 

3500 

2500-3600 1600- 1000- 

1800 1300 
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Figure 27.3 The diagram shows where some of the most common groups appear on an infrared spectrum 
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Figure 27.4 The infrared spectra of (a) pentanal, (b) methylbenzene and (c) propanone. The key feature that distinguishes (a) and 
(c) from (b) is the carbonyl (C=O) stretching frequency at 1720cm“' 
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Figure 27.4 cont. 
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Figure 27.5 Spectrum for question 27.4 

27.4 (i) In the spectrum of Figure 27.5, what do the 27.5 One of the spectra of Figure 27.6 belongs to 
bands near 3500 and 1050cm“' tell you? butanone and one to benzoic acid. 

(ii) The broad band at 750cm' is characteristic of 
compounds that contain a benzene ring. Analysis of Che Cals 

the compound showed its composition to be C;H,O. 
Draw the structure of the compound. 

Butanone | Benzoic acid 

Which spectrum belongs to the ketone and which to 
the acid? Briefly explain. 
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Figure 27.6 Spectra for question 27.5 
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27.4 Vibrational spectra can tell us 
about the strengths of bonds 

Some bonds are very strong, some are very weak, and 
the majority are in between. If we say that a bond is 
strong, we mean that the atoms joined by the bond are 
held together very tightly. On the other hand, atoms 
joined by a weak bond can easily be torn apart from one 
another. In some ways, but on a very different scale, a 
bond behaves like two billiard balls joined together by a 
piece of elastic. If the balls are made to move then they 

27.6 Suppose two balls on the ends of a piece of 
elastic were given a very great deal of energy. What 
might happen to the balls? What would happen if a 
real molecule were given a huge amount of energy? 

27.7 Using Table 27.1 write down the group 
frequencies of carbon to carbon single, double and 
triple bonds. These occur in alkanes, alkenes and 
alkynes, respectively. 

(i) Put the three bonds in order of their strength 
(weakest first). How does your answer match the type 
of bonding in these molecules? 

(ii) Now compare the carbon to carbon stretching 
frequency in aromatic molecules, i.e. molecules that 
contain one or more benzene rings. How does the 
strength of this bond compare to the others? 

27.8 The infrared spectra of molecules can become 

Answers 

27.1 Spectrum B is the alcohol. 

27.2 The alkane is better. It could not take part in 
hydrogen bonding. The alkane often used in infrared 
experiments is known as Nujol. 

27.3 In liquid ethanol there is a great deal of hydrogen 
bonding between the OH groups. This influences the 
frequencies with which the O—H bond vibrates. In the 
vapour there is very little hydrogen bonding because the 
molecules are so much further apart. Hence the bond 
vibrates over a much smaller range of frequencies. 

27.4 (i) It is an alcohol. 

(ii) H 

Phenylmethanol 

27.5 Both spectrum A and spectrum B have the 
characteristic carbonyl stretch at around 1720cm™'. 
Spectrum B has a broad band around 3000 cm", which 
is characteristic of hydrogen bonded OH groups. The 

will wobble backwards and forwards; that is, they will 
vibrate. It should be obvious to you that if the elastic.is 
very thick then the balls will not vibrate so easily as 
when the elastic is quite thin. So it is with real bonds 
between atoms. Some are easy to make vibrate, some are 
more difficult. The stronger the bond, the higher the 
frequency of the radiation needed to make it vibrate with 
increased energy, and vice versa. Therefore, if we look at 
a vibrational spectrum, the stronger bonds are to be 
found at the high frequency, high wavenumber, end of 
the spectrum. The weaker bonds will appear at the lower 
frequency, lower wavenumber, end. 

very complicated. There is a formula that allows us to 
calculate how many different types of vibrations a 
molecule might have. These different types are called 
normal vibrations. \f there are n atoms in the mol- 
ecule, there are 3n—6 different normal vibrations. 
The exception is that if the molecule is linear, there 
are 3n—5 normal vibrations. 
How many normal vibrations should (i) methane, 

CH,, (ii) pentane, C;H,p, (iii) hydrogen chloride, HCI, 
have? 

Should you have needed to use the formula for 
HCl? 

27.9 The ‘3’ in the formula 3n —6 is connected with 
the idea that molecules can move in three dimen- 
sions. Apart from vibrating, how else can a molecule 
move in space? (Hint: look back at Unit 24.) What are 
the six ‘things’ that have to be subtracted to leave 
only the vibrations? 

latter band tells us that spectrum B belongs to the acid, 
and spectrum A to the ketone. 

27.6 The elastic would break and the balls would fly 
apart. In a real molecule the bond would break and the 
molecule disintegrate. This can actually happen! If you 
were to measure the energy it took to break the bond, 
you would have measured the bond dissociation energy. 
This is an important piece of information, as you will 
discover in Unit 44. 

27.7 (i) The figures are (in cm~'): alkanes, 700-800; 
alkenes, 1620-1680; alkynes, 2100-2140; aromatic, 
around 1500. Thus, the C—C bond strengths are alkanes 
(lowest), alkenes, alkynes. This is to be expected 
because alkenes have double bonds and alkynes triple 
bonds. 

(ii) The C-—C bond strength in benzene rings lies 
between a single bond and a double bond. This is in 
agreement with our description of the bonding in 
benzene in Unit 14. 

27.8 (i) n=5, number of vibrations =3 x 5—6=9. 

(ii) n=17, number of vibrations = 3 x 17-6 = 45. 
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Answers — contd. 

(iii) n=2, but HCl is 
vibrations = 3 x 2—5=1. 

For a diatomic molecule like HCl there can only be 
one type of vibration: that is the stretching of the bond as 
the atoms move closer to or further away from one 
another. 

Note: not all the vibrations may show up in a spec- 
trum. This is especially true of homopolar diatomic mol- 
ecules like H,, No or O,. This type of molecule does not 
have a vibrational spectrum at all. The reason is that 
there must be a dipole moment, which can interact with 
the electric field of the light wave. Homopolar diatomics 
do not have dipole moments. 

linear, so number of 

27.9 A molecule can also translate and rotate. It can 

do these things in the three x, y, or z directions. That is, 

there can be three types of translation and three types of 
rotation. Hence these six types of movement have to be 
subtracted. In a linear molecule there is one less type of 

rotation: this is the rotation shown in Figure 27.7. It is a 
rotation about the bond. 

This rotation can 

es i be detected 

This rotation cannot 
4 be detected 

y 

This rotation can 
be detected 

Figure 27.7 Only two of the rotations of a linear molecule 

can be measured 

UNIT 27 SUMMARY 

e All molecules vibrate with a range of frequencies, 
which depend on the groups of atoms they 
contain. By measuring the frequencies of vibration 
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of an ‘unknown’ molecule, the groups in the 
molecule can be identified; e.g. carbonyl groups 
show up around 1725cm!. 
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- Nuclear magnetic resonance 

28.1 The importance of nuclear spin 

Nuclear magnetic resonance (n.m.r. for short) is a 
relatively new type of spectroscopy that has become 
increasingly important in helping chemists to under- 
stand the structures of molecules. It has also been found 
to be very useful in medicine. Especially, it allows 
surgeons to discover regions in the brain that may be the 
cause of illness, for example brain tumours. 

In n.m.r. there are two sets of energy levels, which are 
rather different from the types of energy level that we 
met in earlier units. Here, the energy levels belong to 
nuclear spins. In the units on atomic structure you should 
have discovered that electrons can behave like tiny 
magnets: they have the property we called spin. (We 
have already said that the word ‘spin’ should not be 
taken too literally; it would be a mistake to imagine 
electrons as ‘really’ spinning like tops.) Well, protons 
and neutrons have spins as well. They, too, behave like 
tiny magnets. For example, if protons are placed in a 
magnetic field, their magnetic fields will try to line up in 
the applied field. We can show this on a diagram as in 
Figure 28.1. However, if the protons are given a little 
extra energy, their magnetic fields can be made to point 
in the opposite direction to the field. Protons with spins 
in these two different directions are said to be in different 
spin states (Figure 28.2). In a magnetic field of around 
100kG, the energy needed to make a proton swap 
between spin states is in the radio frequency region of 
the electromagnetic spectrum. If we use Planck’s equa- 
tion £ = hf, it turns out that the frequency will be around 
several hundred megahertz, perhaps as much as 
500 MHz. 

Ordinarily, hydrogen nuclei will have no special 
arrangements of their spins; like electrons, some will be 
‘spin up’ and some will be ‘spin down’. 

In the same way as electrons can be made to move 
between energy levels by visible or ultraviolet light, so 
nuclei can be made to change their spin energy levels. 
The difference is that the type of radiation needed is in 
the radio frequency region of the electromagnetic 
spectrum. 

In an n.m.r. spectrometer, the sample is placed in a 
magnetic field. Radio waves are swept across the sample. 

Some magnets line up 
in the applied magnetic 
field 

N 
Pole of 
electromagnet 

Pole of 
electromagnet 

This magnet has 
‘flipped’. It has been 

given energy and 

reversed its direction 

(spin state) 

Figure 28.1 The bar magnets represent the magnetic fields of 
protons. They line up in an applied magnetic field from an 
electromagnet. The energy needed to make a proton flip over 
to an opposite direction (opposite spin) is provided by a radio 
wave. (Note: In practice the difference in the number of pro- 
tons with spins lined up and not lined up in the magnetic field 
is very small. The difference in populations is only about 7 in 
10°. An n.m.r. machine has to be very sensitive to detect this 
difference) 

Energy 

Aligned | Higher nuclear 
against cols spin state 
field 

E = hf 

Aligned ! _ Lower nuclear 
with field Bt t spin state 

Figure 28.2 Protons with their spins aligned with the applied 
field are at a lower energy than those aligned against the field. 
Radio waves have the right frequency to cause a transition 
between the two spin states 
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At a particular combination of magnetic field and 
wavelength of the radio waves, some protons can 
change their spin states. This change is detected electron- 
ically and the signal fed to a recorder. 

28.2 The patterns in an n.mr. 
spectrum 

You can see the simplified n.m.r. spectrum of methanol 
in Figure 28.3. In methanol there are four hydrogen 
atoms, but they are in two different arrangements. There 
is a set of three in the CH, group and one joined to the 
oxygen atom. Given that the protons in the hydrogen 
atoms are identical, we might expect that they would all 
change their spin states at the same combination of 
magnetic field and radio frequency. If this happened, 
there should be only one line in the spectrum. As you 
can see, there are more than this. The reason is that the 
two sets of protons (in CH; and OH) are in different 
environments. 

Doublet 

Quartet 

SSS 

i ; Magnetic 

By cp OH field increasing 

Figure 28.3 The simplified n.m.r. spectrum of methanol, 
CH3;0H 

28.3 Why do protons appear in 
different places in the spectrum? 

First, each of the protons in the CH; group has its own 
magnetic field, which can influence neighbouring pro- 
tons. The spins of the protons (and their magnetic fields) 
can be arranged in different ways. We say that the spins 
couple together. This is often called spin-spin coupling 
(Figure 28.4). 

Also, the movement of the electrons around the atoms 
produces a small magnetic field. We say that there is a 
local magnetic field around the hydrogen atoms. The 
local field may cancel out part of the field from the spec- 
trometer’s magnet, in which case we say that the protons 
are shielded from the field. On the other hand, the local 
field may increase the effect of the magnetic field, in 
which case the protons are said to be de-shielded (Figure 
28.5). Highly electronegative atoms like oxygen, which 
draw electrons towards them, are very good at de-shield- 
ing protons. 

The amount of spin-spin coupling depends on the 
number of neighbouring protons. The different patterns 
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eel split into | , imc 

3 up 2 up 1 up Ou 
0 down 2down 3 down 

Figure 28.4 There are eight ways that three spins can com- 
bine. There is one way only of gétting 3 up, or 3 down; but 
three ways (each) of getting 2 up and 1 down or 17 up and 2 
down. Each of the four patterns gives a different local field 
and will split the line of a neighbouring proton into four 

Applied Applied 
magnetic magnetic 
field field 

Local magnetic 
Vy field 

H Rest of 
ARR molecule 

This proton is shielded 
by the local field 

Local magnetic 
14 field 

H Rest of 
LQ molecule 

This proton is de-shielded 
by the local field 

Figure 28.5 The local field from the rest of the molecule can 
(i) act against the applied field or (ii) reinforce it 

of lines in the spectrum can tell us whether, for example, 
a CH; group is connected to a CH, group or to a benzene 
ring. 

The effects of shielding change from one substance to 
another, and cause the peaks to appear at different places 
in the spectrum. The scale that is used to measure the 
position of a peak is called the chemical shift. The chemi- 
cal shift is usually measured relative to the peaks given 
by a substance called tetramethylsilane, (CH;),Si, called 
TMS for short. The 12 protons in TMS give a strong 
signal in an n.m.r. spectrum. The other peaks are 
measured from the TMS signal. Two scales are used: a 
tau, t, scale, and more often a delta, 6, scale. Typical 
values are collected in Table 28.1. 

28.4 N.m.r. spectra can tell us how 
many protons are present 

One useful feature of n.m.r. spectra is that, the more 
protons there are of a given type, the stronger is the peak 
in the spectrum. In fact, the area under the peak gives us 
a measure of how many protons are involved. For exam- 
ple, in the spectrum of methanol the areas under the 
peaks are in the ratio 3 to 1. This confirms what we 



Table 28.1. Examples of proton chemical shifts* 

Substance Set of protons 6 scale/ppm 

Alkanes RCH, 0.9 
RCH,R’ 1.3 

Chloroalkanes RCH,Cl 3) 
Fluoroalkanes RCH,F 4.0 

Alcohols RCH,OH 4.5 
Aldehydes RCHO 9.7 
Ketones CH;COR Del 

Carboxylic acids RCOOH is 
Aromatic compounds C,H, Vee 

C,H;CH, 2.3 

*The values given are only approximate; they vary from 
compound to compound. The 6 scale is measured in ‘parts 
per million’ (ppm) 

already know about methanol, CH,OH; it has three pro- 
tons of one type (CH;) and one of another (OH). 
Imagine, though, that we did not know the formula of 
the compound. By using scales of chemical shifts we 
could begin to discover the types of groups present. 
Then, by measuring the areas under the peaks, we could 
actually count the numbers of protons. Fortunately, the 
measurement of the areas is done automatically by the 
spectrometer. 

28.5 Not only hydrogen atoms can 
show up in n.m.r. 

The protons in hydrogen atoms happen to be the easiest 
to detect in n.m.r., but other nuclei possessing a spin can 
be used. Important ones are carbon- 13, fluorine-19 and 
phosphorus-31. (Carbon-12 has a zero nuclear spin; the 
spins of the six protons and six neutrons cancel out.) 
However, detecting these atoms requires rather more 
effort than detecting protons. We shall not be concerned 
with their n.m.r. spectra. 

Answers 

28.1 (i) Spectrum A belongs to benzene. Spectrum B 
belongs to ethanol. 

(ii) Although there are six protons in benzene, they are 
all in exactly the same environment. As a consequence, 
each proton appears at the same place in the spectrum; 
hence the single line. 

There are three different types of proton in ethanol: 
three in the CH, group, two in the CH, group, and one in 
the OH group. This corresponds to the relative areas 
being in the ratio 3:2:1. The pattern is complicated 
because the CH, proton peak is split into three by the 

CH,—CH,-OH 

| 

Bat 3.6 leat 

Figure 28.6 Two n.m.r. spectra for question 28.1 

28.1 Figure 28.6 shows the n.m.r. spectra of 
benzene, C,H., and of ethanol, CH,CH,OH, in water. 

(i) Which spectrum belongs to benzene, and which to 
ethanol? 

(ii) Briefly explain the appearance of each spectrum. 

28.2 Briefly explain why the peaks for RCH,ClI and | 
RCH.F occur at different chemical shifts (see Table 
28.1). 

28.3. Why might it be difficult to detect carbon-13 
atoms in a naturally occurring sample of an organic 
compound by n.m.r.? (Hint: abundance of carbon-13 
nuclei.) 

CH, protons. The peak corresponding to the CH, pro- 
tons is split into four by the CH, protons. When ethanol is 
in water, the OH proton shows up as a single peak. (In 
pure ethanol the pattern is more complicated.) 

28.2 Fluorine is more electronegative than chlorine. It 
pulls electrons away from the neighbouring hydrogen 
atoms more strongly than does chlorine. Therefore there 
is more de-shielding with fluorine, which causes the pro- 
tons to show up in different parts of the spectrum. Actu- 
ally there is a further complication with fluorine: '9F is 
active in n.m.r. in much the same way as protons, so it 
gives rise to lines in the spectrum that are absent with 
chlorine. 

28.3 The abundance of carbon-13 atoms is only about 
1%. Therefore the spectrometer has to be extremely 
sensitive to detect them. 
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UNIT 28 SUMMARY 

@ Nuclear magnetic resonance is mainly used to detect 
the hydrogen atoms in a molecule. 

@ Ina magnetic field, the proton in the nucleus of each 
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hydrogen atom changes its spin state if it is given 

Physical Chemistry 

the right amount of energy. This energy is supplied 
by electromagnetic radiation of long wavelength. 
The frequency of the radiation absorbed depends 
on the chemical environment of the proton. 
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Mass spectrometry 

29.1 What are mass spectrometers? 

Mass spectrometers are used to measure the masses of 
atoms and molecules with great accuracy. They are also 
capable of detecting remarkably small amounts of an 
element or compound — easily less than 10-°g, 
sometimes as little as 10’ g. The first mass spectrometer 
was invented by Aston in 1919, although his apparatus 
was known as a mass spectrograph. His method, and 
modern mass spectrometers, makes use of the fact that, 
when charged particles move in a magnetic field, they 
travel in curved paths (Figure 29.1). 

The heavier the particle, the harder it is to ele it 
turn, and vice versa. One idea is to move a detector in 
the path of the particles. The position of the detector 
when it records the arrival of particles will be related to 
their mass. In real mass spectrometers, greater accuracy 
is obtained by keeping the detector fixed, and varying 
other conditions in the spectrometer. 

Region of 
magnetic field 

Positive ions 
Heaviest ions are 
deflected least 

lons move 
in curved paths 
while in the 
magnetic field 

Lightest 
ions are 
deflected 
most 

Figure 29.1 When charged particies move through a 
magnetic field they travel in curved paths. Heavy ions are 
deflected the least, light ions the most. This is the principle of 
amass spectrometer 

A gas chromatography apparatus (on the right) can be con- 
nected to a mass spectrometer (towards the left) with the 
output from each analysed by computer. 

29.2 The design of a mass 
spectrometer 

The design of a modern mass spectrometer is shown in 
Figure 29.2. It is vital that the whole apparatus is kept 
under very high vacuum. The essential parts of the spec- 
trometer are as follows. 

(a) Entry chamber 

Gases can be directly let in to the apparatus, although 
precautions are necessary to prevent air getting in. 
Owing to the vacuum in the spectrometer, liquids will 
usually give off sufficient molecules from their surfaces 
to provide a reasonable level of vapour. Solid samples 
are a different matter. They may not vaporise at all 
easily. In this case a small amount can be placed on a 

_ wire and an electric current passed through it. The cur- 
rent heats the sample and vaporises it. 

(b) Electron gun 

The next task is to turn the atoms or molecules into ions. 
The electron gun fires high energy electrons at the atoms 
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Analyser se 

Positive ions Electron 
gun ~~ 

Strong electric field 
accelerates ions 

Atoms or molecules 
from the entry 
chamber 

Region of high 
magnetic field 

Detector 

Figure 29.2 The design of a modern mass spectrometer. The entire apparatus is kept under high vacuum 

or molecules. When they collide, one or sometimes two 
electrons are knocked out and the atoms or molecules 
turn into positive ions. 

(c) Accelerator 

The ions pass between a series of negatively charged 
metal plates. The plates accelerate the ions to high 

speeds. 

(d) Analyser 

In the analyser the positive ions pass through another 
electric field. However, this field makes the particles 
move in curved paths. Ions that emerge from the 
analyser all have the same kinetic energy. By changing 
the size of the electric field, ions with different kinetic 
energies can be sent into the region of the magnetic field. 
In other words, the analyser acts as an ion filter: only a 
fraction of those ions entering the analyser get through. 
(Notice that the analyser does not sort the ions according 
to their mass: a fast, light ion and a heavy, slow ion may 
have the same kinetic energy and therefore get through 

the analyser.) 

(e) Magnetic field 

On entering the magnetic field the ions begin to move in 
circular paths. The path they take depends on the ratio of 
their mass and charge (m/q). If the ions have a single 
positive charge, then q is equal in size (but opposite in 
sign) to the charge on an electron; in this case the mass 
to charge ratio is m/e. By changing the size of the 
magnetic field, ions with different masses can be brought 

to a focus on the detector. 
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(f) Detector 

The detector is a very sensitive electrometer that 
responds to the number of ions hitting it. The signal is 
amplified and causes a set of mirrors to move. Ultraviolet 
light is reflected off the mirrors on to sensitive photo- 
graphic paper. When ions arrive at the detector, a line is 
drawn on the paper. The height of the line is propor- 
tional to the number of ions reaching the detector. 

29.3 The whole number rule and 

standards of mass 

In a book that Aston wrote about his work he said: 

The first and by far the most important generalization 
which could be made from the results obtained with the 
first mass spectrograph was that the weights of all atoms 
could be expressed as whole numbers to a high degree 
of accuracy. This approximation which is called ‘the 
whole number rule’ enabled the most sweeping simplifi- 
cations to be made in the ideas of mass .. . 

The masses shown in the photo are relative masses. 
They are the masses of the atoms or molecules compared 
to the mass of an oxygen atom, which was taken as 
exactly 16 units. This was the standard of mass used in 
Aston’s day. Now the standard of mass has changed. We 
use carbon-12 as the standard. This is the carbon-12 scale: 

- The mass of an atom of carbon-12 is defined to 
be exactly 12. ie 



as 

Examples of Aston’s results from his mass spectrometer. Source: F. W. Aston, 
Mass Spectra and Isotopes, London, Edward Arnold, 1924. 

a ‘ 

en 

Mass spectra (taken by Aston) of two samples of strontium bromide. Source: 
‘ F. W. Aston, Mass Spectra and Isotopes, London, Edward Arnold, 1924. 
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Table 29.1. Some accurate relative atomic masses 

on the carbon-12 scale 

Hydrogen et 1.007 825 
Carbon AG 12.000 000 

Nitrogen 19N 14.003 074 
Oxygen 16Q 15.994915 

One reason why carbon- 12 is used is that carbon com- 
pounds are very widely used in mass spectrometer work. 
This means that other masses can be readily compared 
with the mass of carbon-12. Notice that Aston said that 
the whole number rule was an approximation; and 
indeed it is. Table 29.1 shows the masses of elements 
measured accurately on the carbon-12 scale. If you have 
read the sections on isotopes you may remember the 
reason why- the masses are not whole numbers: it is 
because of mass defects. (Go back to Unit 3 and look this 
up if you have forgotten.) 

You may be relieved to know, that, except in the most 
accurate work, it is common practice to ignore the small 
differences of masses from whole numbers. From now 
on, we shall only use whole numbers for the masses. 

29.4. Mass spectra and isotopes 

In the photo you can see the results of two investigations 
of strontium bromide, SrBr,. The top spectrometer trace 
was taken using a sample dug out of the ground, which 
was extremely rich in rubidium. You can see a very 
strong line for the isotope ®’Sr. No other isotopes of 
strontium are present. This isotopically very pure sample 

of strontium bromide was present for one very good 
reason. The strontium had not always been present in 
the ground, it had been produced by the radioactive 
decay of rubidium-87: 

87Rb— 87Sr+_fe 

Abundance/% Abundance/% 

100 100 

90 Chlorine a6 Iron 

80 80 

70 70 

60 60 

50 50 

40 40 

30 30 

20 20 

10 10 

0 
33 34 35 36 37 38 mie 53 54 55 56 57 58 mie 

On the other hand, the strontium bromide that had been 
prepared from a naturally occurring sample of strontium 
shows the presence of four isotopes of strontium. One of 
them, at mass number 84, is almost invisible. Another, at 
mass number 88, is very strong. There are two others, of 
mass numbers 86 and 87, which are of intermediate 
strength. These represent the naturally occurring 
isotopes of strontium. 

A modern mass spectrometer trace of the strontium 
isotopes would look like the diagram of Figure 29.3. In 
the same figure are diagrams representing the mass spec- 
tra of samples of chlorine atoms and iron. 

‘ 

29.5 Calculating relative atomic 
masses from mass spectra 

As you have seen, the mass spectrum of an element will 
show up the presence of isotopes. From the relative 
heights of the peaks we can work out the relative atomic 
mass of the element. For example, any naturally occur- 
ring sample of chlorine contains *°C] and *’Cl in the 
proportions 75.53%:24.47%. Therefore for a sample of 
100 atoms of chlorine, 

1D D> if 24.47 
average mass = 35 X90 7 37X 100 = 35.50 

This is the relative atomic mass of chlorine that you will 
find listed in tables of atomic masses, or on a Periodic 

Table. 

29.6 What are fragmentation 
patterns? 

When molecules are battered by electrons from the 
electron gun, they receive such a thump that the energy 
causes them to break up. Alternatively, we can say that 
they fragment. The pattern of lines produced in the mass 

Abundance/% 

100 

Strontium 
90 

80 

70 

60 

50 

82 83 84 85 86 87 88 89 90 m/e 

Figure 29.3 The mass spectra of chlorine, iron and strontium atoms 
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Fragment mie 

CH,—CH,—CH,—CH,* = 58 

CH,—CH,—CH,* = 43 

CH,—CH,* = 29 

CH,” =5 

Figure 29.4 Mass spectrum of butane. Note that the most 
abundant ion, at m/e= 43, is given a relative abundance of 
100. The abundances of the other ions are compared with this 
ion 

Panel 29.1 

How the isotope °C affects the mass 
spectrum of a carbon compound 
To understand this panel, you need to remember 
that experiment shows that for every 100 !7C atoms, 
on average there are 1.1 !*C atoms. 

In methane, CH,, because there is only one carbon 
atom, we would expect the ratio of '*CH, to '*CH, to 
be 100 to 1.1. For ethane, C,H,, there are four pos- 

Methane, CH, 
1 carbon atom 

CH, 

Ethane, C,H, 
2 carbon atoms 

12CH,!2CH, 

Butane, C,H, CH CH, ¢CH., 
3 carbon atoms 

In general, 
n carbon atoms 

spectrum is called a fragmentation pattern. Figure 29.4 
shows the mass spectrum of butane, C,H,). The peak 
with the highest mass comes at 58. This corresponds to 
the parent or molecular ion, C,H,,)*. You can see that this 
is not the most abundant ion: many of the other peaks 
are higher. This means that most of the C,H,,.* ions that 
emerge from the electron gun fall apart before they reach 
the detector. 

If we look at the structure of butane, there are some 
fairly obvious places where the molecule might break 

apart. Especially, if an end CH, group is lost, this will 
leave C,H,* behind. This produces the peak at mass 43. 
Similarly, if the molecule breaks in two, we will obtain a 
peak at mass 29 corresponding to C,H,*. The peak at 
mass 15 is due to CH,* ions. Other peaks appear owing 
to the loss of hydrogen atoms, and the presence of 
isotopes. A further complication occurs in some spectra 
because the atoms change their positions during the 
passage of the ions through the spectrometer. This causes 
peaks to appear at m/e values that seem not to fit the 
original structure. 

29.7 The effect of isotopes in a 
molecule’s mass spectrum 

There are always more lines in a mass spectrum of a 
molecule than we might expect merely by looking at 
places where the molecule might fall apart. One cause of 
this is the presence of isotopes. For example, although 
'2C is by far the most common isotope of carbon (almost 
99%), there is always 1.1% of '*C. So, for every peak 
produced by a fragment with '*C there will be another, 

sibilities: 'CH,!2CH,, 1°CH,!2CH;, 12CH,!3CH, and 
5CH,'*CH;. The chances of finding a molecule of 
ethane containing two 1*C atoms is so remote that 
we can ignore it. You can see that there are two 
chances of obtaining an ethane molecule with one 
°C in it. Thus for every 100 !*CH,!2CH, molecules, 
there should be 2.2 molecules containing a mix of the 
two isotopes. We can show the pattern in this way: 

Ratio 

BCH, 100 to 1.1 

BCH,?CH, 100 to 2.2 
PCH. CH. 

BCH,’CH,CH, 
12CH,°CH,!2CH, 
12CH,!2CH,°CH, 

100 to 3.3 

100 ton xX 1.1 
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less intense, peak due to /’C. In the spectrum of butane 
the parent ion occurs at m/e=58. The smaller peak at 
m/e=59 is due to the presence of °C. If you study panel 
29.1 you should discover the reason why, in a com- 
pound containing n carbon atoms, the ratio of the 
abundance of the '?C parent ion compared to the 
abundance of an ion with a mix of !7C and }?C is 100 to 
nX 1.1. If we call the parent ion peak M and the peak 
that follows it M+ 1, we have 

relative abundance of M — 2100 

relative abundance ofM+1 7xX1.1 

For butane, the relative abundances of peaks M and 
M + | is approximately 24 to 1. Therefore, 

24_ 100 
| Raw BSS Se ba 

Rearranging, 

100 

gaol ile 
Of course, m must be a whole number, so we put n=4, 
which agrees with the formula of butane, C,Hjo. 

This method of comparing the abundances of M and 
M+ 1 peaks isa relatively simple way of discovering how 
many carbon atoms there are in a molecule. In fact, 
matters are usually more complicated than this because 
the other atoms in a molecule may have isotopes as well. 

To see this happening in a simple case, look at the 
_ Mass spectrum of a sample of chlorine gas, Cl,, shown in 
Figure 29.5. Given that the relative molecular mass of 
chlorine is listed as 35.5, we might expect a single peak 
corresponding to Cl,* at mass 71. Of course the actual 

29.1 Use the mass spectra shown in Figure 29.3 to 
calculate the relative atomic masses of strontium and 
iron. 

29.2 Atone time it was thought that the elements in 
the Periodic Table were in the order of their relative 
atomic masses. Unfortunately for this theory, potass- 
ium, which has a relative atomic mass of 39.1, comes 
after argon, which has a value 39.9. 

(i) The two main isotopes of potassium are °°K and 
41K. Which isotope is the more abundant? What are 
the proportions of each isotope in a sample of 
potassium? 

(ii) There are three isotopes of argon, **Ar, 9°Ar and 
4°Ar. Which of these is the most abundant? 

29.3 In the change §7Rb—8ZSr+ _°e, what is the 
underlying change that takes place in the nucleus? 

29.4 Cobalt comes before nickel in the Periodic 
Table even though their relative atomic masses are in 
reverse order (58.9 compared to 58.7). Briefly sug- 
gest how this comes about. 

29.5 Suggest the formulae of the fragments that 
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Relative 
abundance 

70 12 74 mie 

Figure 29.5 The mass spectrum of chlorine gas, Cl. 

spectrum shows no such thing. The relative molecular 
mass of 35.5 hides the fact that chlorine exists as two 
isotopes, *°Cl and *’Cl, in proportions 3:1. As a conse- 
quence, any sample of chlorine gas will consist of three 
types of molecule, which we shall write as **Cl—*°Cl, 
*>Cl-*’Cl and *’Cl—’’Cl. Given that the probability of any 
one atom of chlorine being *’Cl is 0.75, and of being *’Cl 
is 0.25, the probability of *°Cl-*°Cl being made is 
0.75 X 0.75 =0.5625, that of *”Cl-*’Cl is 0.25 0.25 

= 0.0625, and that of **Cl-*’Cl is 2 X 0.75 x 0.25 =0.375 

(?°Cl-*’Clis the same as *”Cl—*°Cl, hence the factor of 2). 
The peaks in the mass spectrum of chlorine show the 
expected three peaks at masses 70, 72 and 74, with 
relative intensities roughly in the ratio 9:6:1. 

give rise to the marked peaks in the spectrum of 
ethanol, C;H;OH (see Figure 29.6). 

Relative 
abundance 

100 

90 

80 

70 

60 

50 

40 

30 

50 mie 

Figure 29.6 The simplified mass spectrum of ethanol 
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29.6 The ratio of the abundances of the M and 
M + 1 peaks for a hydrocarbon was approximately 11 
to 1. The parent mass was 106. 

(i) How many carbon atoms did the compound 
contain? 

(ii) What was the formula of the hydrocarbon? 

29.7 In the spectrum of chloroethane, C,H,Cl, 

Answers 

29.1 For strontium, the relative atomic mass is 

0.56 9.86 7.02 82.56 _ 
84x 759 + 86 x00 87 “700 © 88 X99 ~ 87.71 

For iron, the relative atomic mass is 

5.84 91.68 2.17 Oia 
54X F909 +56 x 100 +57X Fog +58 X Fog = 59-91 

29.2 (i) If there were 50% of °°K and 50% of *'K, the 
relative atomic mass would be exactly 40. However, the 
average (39.1) is much less than 40, so there must be 
more than 50% of the °°K. If we call P the percentage of 
°°K, then in a sample of 100 atoms of potassium there 
will be 100 — P atoms of *'K. Therefore we must have 

P 100—P 

If you solve this equation you will find that P = 95%. The 
actual values are 93.08% °*°K, 6.91% “'K (there is also 
0.012% of “°K). 

= 39.1 

(ii) If the average of all the isotopes comes out to 39.9, 
then there must be a great deal of *°Ar, and not very 
much of the others. (The actual figures are 0.337% *Ar, 

0.063% **Ar, 99.600% *°Ar.) 

29.3. The mass number does not change, but the 

atomic number increases by one. So the change is 
gn— ip+_$te. 

29.4 Thereasonis that cobalt has a fairly heavy isotope 
that brings its relative atomic mass up above that of 
nickel. Actually, cobalt has just one isotope, 39Co. Nickel 
has five, the most abundant (67.76%) of which is 38Ni. 

explain why there is a peak at m/e = 64, and a follow- 
ing one at m/e=66 that is only about one-third as 
intense. 

29.8 (i) Is it always true that the parent ion has the 
highest m/e ratio? 

(ii) Does the parent ion always give the most intense 
peak? 

29.5 The structure of ethanol is 

H 

UOTE 

The dashed lines represent the places where the mol- 
ecule might split apart. 

mie Explanation 

Methyl group, CH; * 
Ethyl group, CH;CH,* 
Fragment left after methyl group is lost,CH,OH* 
CH;CH,0* 
The parent ion, CH;CH,OH* 
lons containing ‘°C as well as '*C 

(i) We have 

mee LOO 
viddexated 

and so n=8 (to the nearest whole number). 

(ii) Eight carbon atoms contribute 8 x 12=96 units of 
mass. This leaves 10 units for the hydrogen atoms. The 

formula is C,H,o. 

n 

29.7 One peak at mass 64 corresponds to a parent ion 
containing °°Cl; the other contains °’Cl. The intensities 
are about 3:1 as we should expect because *°Cl is three 
times more abundant than °’Cl. 

29.8 (i), (ii) No, in both cases. 

UNIT 29 SUMMARY 

ee ee ee eee ee eee ee ee ee 

@ The ion with the greatest g/m value is the parent ion. 
It tells us the relative molecular mass of the original 

molecule. 
@ The fragmentation pattern of an element displays the 

isotopes, and permits the relative atomic mass to be 
calculated. 

@ Mass spectrometers split a molecule into a large 
number of positively charged fragments, each with 
a particular charge to mass ratio (g/m). The 
fragments are separated by passing them through a 
combination of electric and magnetic fields. As the 
ions are detected, a fragmentation pattern is built 

up. 
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30 
X-ray diffraction 

30.1 What causes X-ray diffraction? 

X-rays are a variety of electromagnetic radiation with 
fairly high energies. The wavelength of X-rays is of the 
order 100 pm (107 '°m). They show the normal proper- 
ties of waves; especially, they can be diffracted. Diffrac- 
tion occurs whenever a wave meets a barrier with one or 
more openings that are about the same size as the 
wavelength. It so happens that the layers of atoms or 
ions in crystals are separated by distances around 100 or 
200 pm. This is just the right range to cause X-rays to be 
diffracted. Thus, we can say that: 

The layers of atoms in a crystal act as a diffrac- 
tion grating for X-rays. 

The reason why atoms are able to produce diffraction 
patterns has much to do with the number of electrons 
they contain. The electric field of the X-rays interacts 
with the cloud of electrons around an atom. The result of 
many thousands of the interactions produces the diffrac- 
tion pattern. Large atoms have many electrons. These 
atoms produce the strongest patterns. Small atoms, like 
hydrogen, may have so few electrons that they have little 
effect on X-rays. 

30.2 More about diffraction 

Before we go into more detail about X-ray diffraction, it 
is important that you understand some basic ideas about 
diffraction in general (Figure 30.1). 

If light is passed through a row of slits (known as a 
diffraction grating), the diffraction pattern can be cap- 
tured on a photograph. By using sophisticated equip- 
ment it is possible to measure the amount of blackening 
of the film. This tells us the intensity of the light falling 
on various parts of the film. Alternatively the intensity 
can be measured electronically, without photographs. 

As with water waves, the diffracted light waves 
reinforce one another provided the difference in the dis- 
tances they travel is a whole number of wavelengths. If 
their paths are different by more or less than a 
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These waves 
cancel out : 

These waves 
reinforce each 
other 

Figure 30.1 After waves pass through a narrow slit there are 
places where they reinforce and places where they cancel 
out. The overall pattern is a diffraction pattern 

wavelength, then the waves will tend to cancel out, as 
shown in Figure 30.2. With this background, you should 
be able to understand the diagram in Figure 30.3. 

In the diagrams X-rays are shown encountering atoms 
in a layer of a crystal. The waves have their crests and 
troughs matching; they will reinforce constructively and 
give a patch of high intensity on a photographic film. We 
have already said that this happens if the distances that 
the waves travel differ by a whole number of 
wavelengths, A. We shall call this whole number n. Thus, 
constructive interference occurs when 

path difference = nd 

Now, if you look at Figure 30.3 you will find that 

path difference in crystal=xsin A 

Thus we find 

nw=xsin A 

However, crystals contain many planes of atoms, 
which criss-cross in three dimensions, and we have only 
dealt with diffraction in one of these dimensions. In a 
real diffraction experiment not just one but three equa- 
tions must be satisfied before a spot would be seen on a 
photographic film. 



Resultant 

+2A 

oe > 

Displacement 

+A 

Displacement 

Resultant 

Figure 30.2 Two ways in which waves can overlap with one 
another. (a) Two waves that have equal amplitude, A, and are 
completely in phase interfere completely constructively. 
(b) Two waves that have the same amplitude, A, and are 
completely out of phase give a resultant of zero amplitude. 
There is complete destructive interference 

30.3 Bragg’s equation 

An alternative theory of X-ray diffraction was published 
in 1912 by Sir (William) Lawrence Bragg. He worked 
closely with his father, Sir William Henry Bragg, and 
both received the Nobel Prize for their work in using X- 
rays to discover the structures of crystals. 

Bragg (the younger) proposed that the formation of 
diffraction patterns could be explained by assuming that 
the X-rays were reflected from the various planes of atoms 
in a crystal. (It is possible to show that the diffraction and 
reflection explanations are equivalent to one another. 
Most people find Bragg’s explanation easier to work 
with.) 

If you look at Figure 30.4 you will see that the dif- 
ference in the distance travelled by rays bouncing off two 
different planes is 2dsin 8. For constructive interference 
then we must have 

— Ah=2dsin® Bragg’s equation __ 

If n= 1 we say that a first-order reflection occurs; ifn = 2 
then we have a second-order reflection; and so on. Nor- 
mally it is only necessary to bother with first-order 
reflections. 

A row of atoms behaves like 
a diffraction grating 

Constructive 
interference 

Wy These waves 
go on to 
interfere constructively 

Extra distance travelled by W. 
is x sin A 

A = angle through which X-rays turn 

Figure 30.3 The lower diagram is an expanded view of the 
upper diagram. For constructive interference, the extra dis- 
tance travelled by wave W, must be a whole number of 
wavelengths, i.e. nA=xsinA 

d = distance 

between planes 
dsin@ d sin 6 

Figure 30.4 The extra distance travelled by wave W, is 
2xdsin@, i.e. 2dsin@. For constructive interference, 

na=2d sin @ 

30.4 Different types of X-ray 
diffraction experiment 

‘The first X-ray diffraction experiments were performed 
at the suggestion of von Laue in 1912. X-rays were pro- 

duced by bombarding zinc sulphide with high energy 
electrons. The X-rays were passed through a single 
crystal (Figure 30.5). 
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A von Laue diffraction pattern of the mineral vesuvianite. 
Taken from Figure 8.31 of D. McKie and C. McKie, Essentials 
of Crystallography, Blackwell, Oxford, 1986. 

X-rays Poe To 

absorber 

Two pieces of photographic paper 

Spots appear on the paper where 
X-rays interfere constructively 

Figure 30.5 A simplified view of a von Laue X-ray camera. 
Spots appear on both pieces of film (the X-rays are scattered 
backwards as well as forwards) 

As you may imagine, life becomes rather complicated 
if you attempt to work backwards from a von Laue pat- 
tern to the spacing of the atoms and planes in the crystal. 
In fact people soon tired of making the attempt and 
different methods were invented. Of these, that known 
as the powder method is widely used. It was first used by 
P. Debye and P. Scherrer in 1916. Crystals of the sample 
to be investigated are ground to a fine powder and pla- 
ced in a tube made of glass, which has little effect on X- 
rays. The sample is surrounded by a cylindrical sheet of 
photographic paper (Figure 30.6). X-rays enter through 
a small hole in the cylinder, and pass into the sample, 
where diffraction occurs. Opposite to the entrance hole is 
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An X-ray powder camera uses an electronic method for 
recording and interpreting the intensities of diffracted X-rays. 
The X-ray source is on the right, and the analyser on the left. 
The sample is placed at the tip of the support which is point- 
ing upwards to the right. Photo by courtesy of Siemens Ltd. 

X-rays To 
absorber 

Powdered crystals 

Figure 30.6 In a powder camera the photographic plate is 
placed in a circular strip. The powdered crystals are at the 
centre. The reflections of the X-rays produce curved lines on 
the paper 

a piece of lead, which absorbs any X-rays that pass right 

through the sample. 
At first sight it might seem odd to change a relatively 

large single crystal for a fine powder. You might expect 
the film to be covered in even more spots than von Laue 
photographs; and in a way it is, but the spots are col- 
lected in bands like those shown in the photo. 

30.5 Explanation of powder 
photographs 

Now let us think about what is happening in a powder 
experiment. In Figure 30.7a you can see a diagram 

representing one set of planes in a crystal. The separation 
between the planes is d, and the planes are shown at an 
angle to the incoming X-rays. In Figure 30.7b are shown 
the same set of planes, but they slope at a different angle. | 
Again the planes are at the angle 0 necessary to give 
reinforcement, and a spot on the photographic film. The 
key thing to understand is that if the planes are not at the 
angle 0 to the incoming beam then no spot will appear 
on the film due to this set of planes (Figure 30.7c). In the 



An X-ray powder photograph of quartz. Adapted from Figure 13.3 of J. P. Glusker and K. N. Trueblood, Crystal Structure 
Analysis, Oxford University. Press, Oxford, 1985. 

Spot on photographic 
plate appears here 

Spot on photographic 
plate appears here 

(a) 

X-rays, wavelength i ow X-rays, wavelength i 

This angle 
greater than 0, 
so no spot appears 
on film 

(b) (c) 

Figure 30.7 For a given wavelength of X-rays, the same set of crystal planes will only give spots on the photographic plate if the 
planes make an angle @ to the X-rays 

powdered sample there are so many tens of thousands of 
tiny crystals that there will always be some of them with 
the set of planes at the angle @ to the incoming X-rays. 
With some thought you should be able to understand 
that diffractions from crystals with their sets of planes at 
angle 0 will be arranged in a cone as shown in Figure 
30.8. Because the photographic film is in the shape of a 
cylinder, the reflections from the crystals produce a set of 
curved patterns on the film. 

30.6 The arrangement of planes in 
crystals 

The first piece of information that we can gain from an 
X-ray powder photograph is the distance between a set 
of planes in a crystal. The detail of the way this is done 
need not concern us. However, you can get a flavour of 
how the distance is worked out in this way. From the 
powder photograph the angle 8 can be measured. 
For sodium chloride, using X-rays of wavelength 
1.54 x 10°-* cm, an intense cone is formed at 8 = 15.87°. 
Taking this as a first-order reflection we have 

1.54 x 10-8 cm = 2dsin(15.87°) 

Diffracted X-rays are sent out 
in a cone, angle 40 

Film 

With the film across 
the cone, the X-rays 
make slightly curved 
lines 

Figure 30.8 The reason why lines on a powder photograph 
are curved 

SO 

—o es 1.54 x 10°°cm 
: —— = 2.82 X 10-*cm or 282 pm 

2 sin(15.87°) 
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Dorothy Crowfoot Hodgkin, crystallographer and Nobel Prize 
winner for determining the structure of vitamin B12. 

Chloride ion, Cl” 

© Sodium ion, Na* 

Figure 30.9 The planes that give rise to one of the strongest 
lines in the X-ray diffraction pattern of sodium chloride. (Note: 
The sodium and chloride ions are drawn the same size so that 
you can see the planes in the crystal structure more clearly. In 
reality the chloride ion is larger than the sodium ion) 

The planes that produce the cone at 15.87° are shown in 
Figure 30.9. 

This example is a fairly easy one. In order to interpret 
all the cones in the X-ray photograph we would have to 
take account of many other planes through the crystal. 
Also, the ability of sodium and chloride ions to scatter 
electrons is not the same. Sometimes the rays scattered 
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An X-ray diffraction pattern from a fibre of DNA. The pattern of 
spots is characteristic of helical structures. (The continuous 
circle is not due to DNA, but to a salt impurity.) Taken from 
Figure 13.2 of J. P. Glusker and K. N. Trueblood, Crystal 
Structure Analysis, Oxford University Press, Oxford, 1985. 

by the sodium ions are cancelled out by those from the 
chloride ions; sometimes they reinforce. 

30.1 The X-ray powder pattern of potassium 
chloride shows a cone at 0= 14.38° using X-rays of 
wavelength 1.54x10°-°cm. What is the spacing 
between the planes? 

30.7 The arrangements of individual 
atoms 

Hidden within the spots on an X-ray photograph is infor- 
mation about the intensity of the different reflections. 
We have already said that the greater the number of 
electrons in an atom, the stronger is the diffraction, or 
reflection. If the intensities of the individual spots can be 
compared accurately, then it is possible to link them to 
the nature of the electron cloud around the atoms. For 



this accurate work a machine called a diffractometer is 
used. The intensities of the various reflections are 
measured directly by electronic means rather than by 
photographs. By analysing the results using a computer, 
electron density maps can be produced. 

The outcome of the maps is a series of contour lines, 
which show contours of electron density. Some exam- 
ples are shown in the photo. Question 30.2 asks you to 
make sense of one of these maps. 
We have seen that a knowledge of how X-rays interact 

with crystals is a powerful tool, which can be used to 
discover the structures of crystals. The Bragg equation 
plays a very important part in this process. X-ray diffrac- 
tion patterns can also be used to work out the arrange- 
ments of electrons around atoms. This provides us with 
good evidence about the shapes of molecules. If you go 
on to study chemistry further you will find that several 
other types of diffraction experiments are used in addi- 
tion to X-ray diffraction. Electrons can be used because 
they show wave-like properties (remember de Broglie’s 
relation). Sometimes electron diffraction experiments 
are done on gases rather than solid samples. Neutrons, 
too, can be diffracted. However, the reason why they are 
diffracted is different to that of X-rays or electrons. 
Neutrons have a magnetic moment; that is, they behave 
like tiny magnets. In common with electrons they show 
the property we call spin. If the atoms in a crystal also 
have a magnetic moment then the neutrons can be scat- 
tered by the atoms, and a diffraction pattern is produced. 

In the next unit we turn to a more detailed study of 
crystals. That is, we shall make a study of the science, 
and art, of crystallography. 

Answers 

30.1 Using Bragg’s equation, we have 

d= 1.54 10-&cm 
~ 2x sin(14.38°) 

This gives d=3.10 x 10 ®cm or 310 pm. 

30.2 The molecule is 1,4-dinitrobenzene: 

30.2 Look at Figure 30.10. It shows the lines of 
electron density for part of a crystal of an organic 
molecule that contains carbon, hydrogen, nitrogen 
and oxygen atoms. (Remember that the hydrogen 
atoms do not show up on the pattern.) Its molecular 
formula is C,H,N.O,. Look closely at the pattern and 
indicate how the atoms are arranged. Draw a 
diagram, or make a model, of it. 

Figure 30.10 An electron density map. (Calculated trom X- 
ray data by: James, R. W., King, G. and Horrocks, H. 
(1936). Proc. R. Soc. 153, 225) 

This structure was first established in 1935. Notice that 
the lines are closest at the oxygen atoms. This confirms 
that electron density is high at these atoms. 

Not all bonds, or hydrogen atoms, are shown. 

UNIT 30 SUMMARY 

e@ X-rays are diffracted from the layers of atoms or ions 
in a crystal according to Bragg’s equation 
ni = 2dsin 0. 

@ The diffraction pattern can be measured using single 
crystals or a powder. 

e@ The intensity of the spots on an X-ray diffraction 
photograph depends on the electron densities of 
the atoms or ions. By analysing the intensities, it is 
possible to build up an electron density map of an 

entire molecule. 
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31 
Crystallography 

31.1 What is crystallography? 

Crystallography is the study of the structures and proper- 
ties of crystals. You now know that X-ray diffraction is 
one of the most important ways of discovering the 
arrangements of atoms within crystals, or molecules. 
One of the reasons why so much research has been done 
in crystallography is that chemists, biologists and physi- 
cists have an intrinsic interest in discovering the secrets 
of nature. Another reason is that it is a part of science 
that has great economic importance. By understanding 
the way atoms pack together in a crystal, we can design 
alloys and other materials to have specific properties. 

In this unit we are going to summarise work that has 
been done on crystals of many types in the last 70 years. 
If it is at all possible, use models to help you visualise the 
three-dimensional structures that you see here in two 
dimensions on the page. There is no substitute for hand- 
ling models of crystal structures if you are to gain a real 
understanding of them. 

31.2 The closest packing of atoms 

To begin with we shall think about crystals being built 
from one kind of atom only. We shall represent an atom 
by a ball. (In model making, polystyrene balls are very 
useful; marbles will do but they are not so good.) If you 
pack a number of balls closely together, you will find 
that they are most likely to line up as shown in Figure 
31.1. Here, except at the edges, there are always six balls 
arranged in the shape of a hexagon around a ball in the 
centre of the hexagon. This type of packing is called 
hexagonal close packing. It is impossible to squeeze a 
greater number of balls into the same area. We can 
imagine a layer like this being made as the first step 
when real atoms come together to make a crystal. 

If we imagine more atoms beginning to cling to the 
first layer they will drop into the small gaps where atoms 
in the first layer meet (Figure 31.2). Now we can place a 
third layer on top. However, there are two ways of doing 
this. Either the atoms in the third layer can fit so that 
they are directly above the first layer, or they can go on 
so that they are only partly above the first layer. In the 

174 Physical Chemistry 

Figure 31.1 Hexagonal close packing 

Two of the holes in the structure 

First layer 

Second layer 

Figure 31.2 The ABAB... pattern of packing hexagonal 
close-packed layers. The third layer goes directly over the first 
layer, the fourth over the second, and so on. The holes are 

never covered up 

first case the layers build up in pairs, usually known 
as the ABAB... structure (Figure 31.2). Here the 
third layer is directly above the first, the fourth directly 

above the second. The alternative structure is called 
ABCABC... (Figure 31.3). Here the pattern repeats 

every fourth layer; the fourth is above the first, the fifth 
above the second, the sixth above the third, and so on. 

The three-dimensional arrangement of the atoms is 
called a Jattice. In both lattices the layers are close- 
packed: there is the minimum amount of free space in 



First layer 

Second layer 

Third layer 

esse Layer © 

avers 

~<t— LayerA 

(d) 

Figure 31.3 (a) The ABCABC... pattern of packing hex- 
agonal close-packed layers. Notice that the third layer covers 
up the holes left by the first two layers. (b)—(d) Three views of 
ABCABC... packing: (b) The ABCABC... cubic close- 
packed structure. It is not immediately obvious that this struc- 
ture consists of interlocked face centred cubes. (c) Top view 
of the ABCABC... cubic close-packed structure. One of the 
face centred cubes is highlighted. (d) Another view of the 
same face centred cube. Notice that the sides of the cube are 
not parallel to the ABC planes 

the lattice (a little over 74% is used up by the atoms). 
However, as we have seen, there is a difference in the 
way the layers are arranged, and there are two names 
used to describe them. 

The ABAB. .. structure is called hexagonal close 
packing (h.c.p.). 

The ABCABC... structure is called cubic close 

packing (c.c.p.). 

If you look at Figures 31.3c and d you should be able 
to understand the connection between the ABCABC. .. 
structure and cubic close packing. There are two views of 
the structure in which spheres at the corners and faces of 
a cube have been highlighted. One view looks from the 
side and one from the top. We can think of the entire 
structure as being built from combinations of such cubes. 
The presence of the spheres at the centres of the faces of 
each cube gives this structure the alternative name of face 
centred cubic. Unlike a body centred cube (see below), 
there is no room for a sphere at the centre of a face- 
centred cube. 

You may find it useful to look at Table 31.1, which 

Table 31.1. Two types of closest packing of 
spheres 

Hexagonal close-packed layers Non-close-packed layers 

ABAB... ABCABC... Simple cubic Body centred 
structure structure cubic 

_ Coord. no. 12 Coord. no. 12 Coord. no.6 Coord. no. 8 
Known as: Known as: 

hexagonal cubic close 
close packing, c.c.p., 
packing, or face centred 
h.c.p. cubic, f.c.c. 
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Figure 31.4 Two structures that are not close-packed. (Note: 
The atoms are drawn spread apart so that you can see the 
structure more clearly. in practice the atoms will fit much more 
closely together) 

summarises the naming systems we have used so far, 
and those in the next section. 

31.3 Structures that are not 

close-packed 

A simple structure that is not close-packed is shown in 
Figure 31.4. Here atoms are placed in a square arrange- 
ment in each layer. A common way of building up a 
three-dimensional structure is for an atom to be at the 
centre of a cube. This is called body centred cubic packing. 
In this structure about 68% of the space is filled by the 
atoms. An even simpler form of cubic packing, called 
simple cubic, is also shown. This has atoms at the eight 
corners of a cube. This lattice is very far from being close- 
packed. Only about 52% of the space is filled by the 
atoms. 

31.4 Coordination numbers 

The coordination number of an atom in a lattice is the 
number of its nearest neighbours. In order to work out the 
coordination number you have to know the way the 
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Figure 31.5 An exploded view of a hexagonal close-packed 
structure. Twelve atoms will touch the central atom 

basic structures (like those in Table 31.1) fit together to 
make a complete crystal. If you look at the hexagonal 
close-packed structure shown in Figure 31.5, you will 
see a layer of six atoms surrounding a central atom. Also 
there is an exploded view of a set of three atoms that 
touch the central atom above and three below this layer. 
You should be able to see that in total there are 12 atoms 
touching the central atom. This is the coordination num- 
ber for the hexagonal close-packed structure. (You will 
find this easier to visualise if you build a model.) Because 
the face centred cubic structure is also hexagonally close- 
packed, it too has a coordination number of 12. The 
simple cubic structure has a coordination number of 6, 
and the body centred cubic structure has a coordination 
number of 8. 

31.5 Metal crystals 

Metals usually crystallise in one of three forms: body 
centred cubic, hexagonal close-packed, or cubic close- 
packed (face centred cubic). You will find examples in 
Figure 31.6. 

Although metals are by far the most common exam- 
ples, some other substances take up the same structures. 
For example, the molecules in solid hydrogen and nitro- 
gen take up hexagonal close-packed structures. Many of 
the noble gases exist as cubic close-packed structures 
when they are solidified, as does methane. 

Perfect crystals, which have the same orderly arrange- 
ment of atoms throughout the lattice, are hard to make. 
Usually crystals contain defects. Two common defects 
occur when atoms are missing from their positions in the 
lattice, or when extra atoms become trapped, causing the 



Body centred cubic 

Face centred cubic 

Simple cubic 

Hexagonal close-packed 

Figure 31.6 |he crystal structures of some metals at room temperature and pressure 

symmetry of the lattice to change. The photo illustrates 
the types of change that can happen. 

A third defect that is often found is produced when 
atoms of an impurity are trapped in the lattice. Annoying 
as this might seem, it can be most useful. Indeed, in 
many industrial processes, impurities are added 
deliberately because they can radically change the 
properties of a metal. Perfect crystals often suffer from 
the layers sliding over one another. This can happen 
gradually, e.g. in the stretching of a metal wire, or sud- 
denly, e.g. if cast iron is dropped and shatters. If impurity 
atoms find sites where they can fit into the lattice, it can 
become much harder for the layers to slide over one 
another. 

Alloys are mixtures of metals that generally have 
properties very different to those of the pure metals. You 
will find details about alloys in Unit 105. 

Rafts of soap bubbles produced by Sir Lawrence Bragg in 
1947. The photographs give a good idea of how atoms might 
pack together in layers. Notice that in the second and third 
pictures the packing is not perfect. Defects just like these 
occur in real crystals. You will see the defect in the second 
picture more easily if you bring you eyes parallel to the plane 
of the paper rather than looking vertically down. Source: Sir 
Lawrence Bragg and J. F. Nye, Proc. Roy. Soc. 190A, 
474-82, 1947. 
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31.1. This question shows you how to calculate the 
amount of space used up by the atoms in a simple 
cubic structure, as shown in Figure 31.7. 

(i) What is the volume of the entire cube? (Ignore any 
units.) 

(ii) What is the volume of one sphere? 

(iii) What fraction of any one sphere sticks into the 
cube rather than outside it? You may find this is a little 
tricky. Build a model using cubes or plastic bricks to 
help work out the answer. 

(iv) Given that there are eight spheres in all, how 
much space do they take up in the cube? 

(v) Combine your answers to (i) and (iv) to calculate 
the percentage of the space in the cube used by the 
spheres. 

Figure 31.7 The diagram for question 31.1 

Answer 

31.1 (i) (2a)>=8a%. is shared by eight cubes in all, i.e. the answer is 1/8. 

(ii) 4sca°/3. (iv) (4sa°/3) x 8 x 1/8 = 4na°/3. 

(iii) You should find that another seven cubes can fit (v) Fraction of filled space = (41a°/3)/8a* = 1/6 
round to hide any one corner. This means that a corner = 0.5236 or 52.36%. 

UNIT 31 SUMMARY 

@ Hexagonal close packing is the most efficient way of e@ A face centred cubic structure has an atom at the 
packing atoms in a crystal lattice. centre of the eight faces as well as at the corners of 

@ Two versions of hexagonal close packing are the a cube. It is hexagonally close-packed, and has a 
ABAB... and ABCABC... patterns. coordination number of 12. 

@ The coordination number of an atom is the number e@ A body centred cubic structure has an atom at the 
of its nearest neighbours. In hexagonally close- centre of a cube as well as at the eight corners. The 
packed structures the coordination number is 12. coordination number is 8. 

@ Simple cubic structures have atoms at the eight 
corners of a cube. The coordination number is 6. 
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32 
Unit cells 

32.1 The seven crystal systems 

The crystal shapes shown in Figure 32.1 are all different. 
At first sight we might expect this to mean that the way 
the atoms pack together within the crystals will also be 
different. In fact they can all be made from hexagonally 
close-packed layers. Different shapes are produced when 
parts of the layers grow at different rates. 

You can see from Figure 32.1 that the angles between 
the faces remain the same although the lengths of the 
faces are different. The angles provide us with informa- 
tion about the underlying symmetry of the crystal. It 
turns out that all crystals have one of only seven types of 
symmetry. These are the seven crystal systems. The names 
of the systems are: triclinic, monoclinic, rhombic, trig- 
onal, tetragonal, hexagonal and cubic. 

32.2 The fourteen Bravais lattices 

We have met the cubic system before, although in a 
different guise. In Unit 31 you met body centred and face 

All faces grow at the same rate Faces A grow much 
~ faster than B and C 

centred cubic structures. In addition to these there is a 
simple cubic structure with atoms only at the eight cor- 
ners of a cube. Thus, the cubic system consists of three 
separate types of structures, called Bravais lattices. The 
other six crystal systems have their own sets of Bravais 
lattices, shown in Figure 32.2. If you count them you 
will find there are fourteen in all. The basic differences 
between the fourteen Bravais lattices are the angles 
between the faces and the relative proportions of the 
sides. In these diagrams we have shown single atoms at 
the corners and faces. This is to show the shape and 
symmetry of each of the lattices. Real crystals often 
contain atoms grouped together as ions, e.g. as SO,’-, 
NO, , CO,”- ions, or molecules. The Bravais lattices of 
such crystals can appear much more complicated than 
the diagrams in Figure 32.2. 

32.3 What are unit cells? 

Each of the fourteen Bravais lattices has an extremely 
important property. They can join together exactly with 

Faces B grow faster than A and C. 
Two new faces, D, appear because B and 
C have not met 

Figure 32.1 Three different crystal shapes, but related to each other. All the angles between the faces are 120°. The main 
difference between them is the rate at which the faces grow 
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Primitive 
(or simple) 

Body centred Face centred 

The three cubic lattices: all sides same length; angles between , 
faces all 90° 

The two tetragonal lattices: one side different in length to the other 
two; angles between faces all 90° 
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The four orthorhombic lattices: unequal sides; angles between 
faces all 90° 

more 
than 

less 
than 
90° 

Side 
view 

The two monoclinic lattices: unequal sides; two faces have angles 
different to 90° 



60° 

Hexagonal lattice: 
one side different in 
length to the other 
two; the marked 
angles on two faces 
are 60° 

Figure 32.2 The fourteen Bravais lattices 

others of the same kind to create a three-dimensional 
shape. (By ‘exactly’ we mean without leaving gaps 
between them.) An example is shown in Figure 32.3. 
We can think of the Bravais lattices as the basic build- 

ing blocks out of which crystals are made. These basic 
building blocks are called unit cells. The symmetry of the 
crystal must match that of the unit cell out of which it is 
built. 

However, the structures of real crystals can be very 
complicated, with atoms, ions, or molecules at all sorts of 
different angles and distances from one another. Often 
crystallographers choose a unit cell that does not look 
like one of the Bravais lattices. They like to work with 
unit cells that make their calculations on X-ray diffrac- 

Figure 32.3 This part of a crystal lattice is built from cubic 
Bravais lattices 

less than 90° 

Rhombohedral lattice: 
all sides of equal 
length; angles on two 
faces are less than 
90° 

Triclinic lattice: 
unequal sides; A,B,C 
are unequal angles, 
with none of them 90° 

tion patterns as simple as possible. This means that, to 
some extent, people are free to choose a unit cell to suit 
their own purposes. It does not have to be the simplest 
unit cell possible. Figures 32.4—32.12 show you the unit 
cells of some well known crystals. 

(a) Diamond structure 

This is based upon a face centred cubic structure but with 
extra carbon atoms inside the cube (Figure 32.4). The 
arrangement around each carbon is tetrahedral. The 
coordination number of each carbon is 4. 

Figure 32.4 The structure of diamond. Not all of the bonds 
are shown. The atoms marked ‘f’ are at the centres of the six 
faces. Bonds into neighbouring unit cells are not shown in this 
diagram nor the others that follow 
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Figure 32.5 The structure of graphite consists of hexagonal 
layers of carbon atoms stacked on top of each other 

(b) Graphite structure 

Graphite has a hexagonal unit cell to match the hexa- 
gons of linked carbon atoms in each of the layers (Figure 
32.5). It has a layer structure. Notice that the layers are 
slightly displaced over one another. The coordination 
number of each carbon is 3. 

(c) Rock salt (sodium chloride) structure 

Sodium chloride consists of sodium ions, Na*, and 
chloride ions, Cl~. (The chloride ions are larger than the 

= Sodium ions 

&> = Chloride ions 

Formula, NaCl 

sodium ions.) In Figure 32.6a the sodium ions are at the 
corners and faces of a cube with the chloride ions on the 
edges and in the middle of the cube. However, there is 
nothing special about this choice. We could start to build 
the unit cell by putting chloride ions into the face centred 
cubic positions, and then the sodium ions would be on 
the edges and in the centre. You can think of the lattice 
as made up of two face centred cubic structures (one for 
each type of ion) that overlap, or interlock. An alterna- 
tive view of the arrangement of any one of the ions is 
shown in Figure 32.6b. There are six chloride ions 
around every sodium ion (and vice versa). Thus the 
coordination number of each ion is 6. The ratio 6:6 sim- 

plifies to 1:1, which agrees with the formula, NaCl. 

(d) Zinc blende structure 

Zinc sulphide can occur in two different forms: either as 
the mineral zinc blende, or as wurtzite. Their crystal 
structures are different. 

The unit cell of the zinc blende structure consists of 
sulphide ions in a face centred cubic arrangement 
(Figure 32.7). Each cell contains four zinc ions arranged 
at the corners of a tetrahedron (although they are not 
bonded together). The tetrahedron sits completely inside 
the cube. The coordination number, 4, of the zinc ions is 
the same as the sulphide ions. You should be able to see 

If you look at the top right- 
hand corner of diagram (a) 
you should see a group 
of three chloride ions 
close to a single sodium ion. 
If the lattice stretched 
further there would be another 
three chloride ions to be 
seen, as shown here 

An expanded view of 
the group above is 
shown here. There is 
an octahedral 
arrangement of the ions 

Figure 32.6 (a) The structure of rock salt (sodium chloride). The large spheres represent chloride ions, the smaller ones 

represent sodium ions. (b) Expanded views of the rock salt structure 
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— Sulphide 
@= ions 

© = Zinc ions 

Formula, ZnS 

Figure 32.7 The zinc blende structure. There are fourteen 
sulphide ions at the corners or faces (f) of the unit cell. Within 
the cell, four zinc ions are bonded tetrahedrally to some of the 
sulphide ions 

this by looking at the diagram. This agrees with the ratio 
of 1:1 for the formula, ZnS. 

(e) Wurtzite structure 

This is a hexagonal structure (Figure 32.8). The cell has 
the overall shape of a triangular prism. (Six of the prisms 
can join to make a hexagonal structure.) Sulphide ions 
are to be found at the corners of the triangular faces. 
Four zinc ions make up the corners of a tetrahedron 
centred on another sulphide ion at a central point in the 
cell. The coordination number of each ion is again 4. 

— Sulphide 
~ ions 

©) = Zinc ions 

Formula, ZnS 

Figure 32.8 The wurtzite structure. A second, hexagonal, 
structure adopted by zinc sulphide. Six of the unit cells are 
shown joined together. (Diagram adapted from: Douglas, B. 
E., McDaniel, D. H. and Alexander, J. J. (1983). Concepts and 
Models of Inorganic Chemistry, 2nd edn, Wiley, New York, 
figure 6.9) 

(f) Caesium chloride structure 

The caesium chloride unit cell consists of eight caesium 
ions in a simple cubic arrangement, with a single 
chloride ion at the centre of the cube (Figure 32.9). 
However, as with sodium chloride, this choice of cell is 
not the only one. We could equally have chosen to show 
chloride ions in a cubic arrangement, with a lone 
caesium ion in the centre. If you want, you can think of 

= Caesium 
ions 

— Chloride 
~ jons 

Formula, CsCl 

Figure 32.9 The caesium chloride structure. There are eight 
caesium ions at the corners of a cube, with a chloride ion at 
the centre 

the structure being made of two interlocking cubic 
arrangements of the two ions. 

(g) Rutile structure 

This is a form of titanium dioxide, TiO,. The unit cell has 
a tetragonal, rather than cubic, structure (Figure 32.10). 
Titanium ions are at the corners and at the centre. The 
central one is surrounded by six oxide ions. What is 
harder to visualise is that when the unit cells are built up 
one on another, every titanium ion is surrounded by six 
oxide ions, and every oxide has three titanium ions as 
their nearest neighbours. (This gives the necessary ratio 
of one titanium to two oxide ions.) 

(h) Fluorite structure 

This mineral is cadmium fluoride, CdF,. It has a remark- 
able structure based on two cubic arrangements (Figure 
32.11a). In the diagram calcium ions are shown in a face 
centred cubic arrangement. Inside this cube is a second 
cube of fluoride ions. Another view of the arrangement 
is shown in Figure 32.11b. By looking carefully at the 

= Titanium(\v) 
ions 

Ss = Oxide ions 

Formula TiO, 

Figure 32.10 The rutile structure. The titanium ion at the 
centre of the large cube is also at the centre of a set of six 
oxide ions. (Diagram adapted from: Douglas et al., op. cit., 
figure 6.10) 
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© Calcium ions 

©) Fluoride ions 

Formula, CaF» 

€) = Calcium ions 

} = Fluoride ions 

Figure 32.11 (a) The fluorite structure. Calcium ions are at the 
corners and faces of the large cube. Inside there is a small 
cube with fluoride ions at the corners. (Diagram adapted 
from: Douglas et al., op. cit., figure 6.10.) (b) Each calcium ion 
has eight fluoride ions as its nearest neighbours. You can 
imagine that the calcium ion shown here is at the top of the 
large cube in diagram (a). The bottom four fluoride ions are 
those shown in the large cube; the top four would belong to a 
second large cube stacked above the first 

diagram you will see that each calcium has eight fluoride 
ions for its nearest neighbours. On the other hand, each 
fluoride ion exists within a tetrahedral arrangement of 
calcium ions; so the fluoride ions have four calcium ions 
around them. This ratio (8:4) of the coordination num- 
bers for calcium to fluoride ions preserves the ratio in the 
formula, CaF,. 

(i) Perovskite structure 

Perovskite is a mineral with the formula CaTiO,. The 
calcium ions, Ca?*, lie at the corners of a cube. The 
oxide ions, O?~, lie on the faces of the cube, and the 
titanium ion, Ti**, lies at the centre of the cube (Figure 
3:19), 

32.1. Which type of force holds the layers of carbon 
atoms in graphite together? Explain why graphite is 
soft and can mark paper, whereas diamond is 
extremely hard and can cut glass. 
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@ = Titanium(iv) ion 

@ = Calcium ions 

= Oxide ions 

Formula, CaTiO, 

Figure 32.12 The perovskite structure. Calcium ions lie at 
the corners, oxide ions at the faces, and a titanium(Iv) ion 
at the centre. (Diagram adapted from: Douglas et al., op. 
cit., figure 6.10) 

32.2 Why is zinc sulphide not completely ionic in 
nature? (Hint: the radii of a sulphide ion, S*-, and a 
zinc ion, Zn?*+, are 184pm and 74pm, respectively.) 

32.4 Radius ratio rules 

The structures you have seen in Figures 32.4—32.12 are 
examples of the most common types of coordination in 
crystals. Other examples are listed in Table 32.1. We 
shall now try to find out why ions take up one type of 
coordination rather than another. The basic principles 
that seem to be at work are: 

(i) ions of opposite charge try to get as close together 
as possible; but 

(ii) ions of the same charge will avoid coming in con- 
tact with each other. 

In this way the attractions between the oppositely 
charged ions will be maximised while the repulsions 
between ions of the same charge will be minimised. 

In caesium chloride, the caesium ions are so large that 
they cannot get as close to the chloride ions as do the 
smaller sodium ions in sodium chloride. Eight caesium 
ions can fit round a chloride ion if they position them- 
selves at the corners of a cube. In this geometry there is 
no danger of the electron clouds of the caesium ions 
coming into contact and causing strong repulsions. 

In practice the structure adopted by a crystal depends 
on the relative sizes of both negative and positive ions. 
We shall call the radius of the positive ion r*, and that of 

Table 32.1. Some examples of the most common 
types of coordination in crystals 

Coordination Structure Examples 

4:4 Zinc blende AglI, HgS 
Wurtzite Cds, ZnO 

6:6 Rock salt LiCl, KCl, MgO 
8:8 Caesium chloride CsBr, CsI, NH,Cl 



Table 32.2. Radius ratio rules 

Ratio Structure adopted Coordination 
number of 
positive ion 

ral = Close packing 12 
OW? <7 iT Corners of cube 8 
0.414 <r*/r- <0.732 Octahedral (like NaCl) 6 
0.225 <rt/r <0.414 _ Tetrahedral 4 

the negative ion r-. The rules that govern the ratio of the 
two radii (r*/r~) are to be found in Table 32.2. 

You might like to see how these rules come about. In 
Figure 32.13 you will find another diagram of the 
caesium chloride structure. Our positive ion is at the 
centre of the cube and surrounded by eight negative ions 

Figure 32.13 For the caesium chloride structure, r* +r 

=aV 3/2. We obtain this formula as follows. Using Pytha- 
goras’ theorem in triangle ABC, AC? =AB?+ BC? = 2a’; 
hence AC =aV 2. Likewise, in triangle ACD, AD? = AC? + CD? 
=2a?+a?=3a?.Hence AD=aV3. The distance AO is 
avV 3/2, and this is the sum of the radii of the positive ion (at 
the centre, O) and the negative ion 

at the corners. The key thing to understand is that we 
start by obeying the first principle above; that is, the 
positive and negative ions will be in contact. 

If the length of one side of the cube is a, then the 
length of a diagonal running across the cube is aV3. 
Then we must have 

av 3 

2 

For reasons that will be clear in a moment we shall put 
this in a different way by dividing through by r- and 
then rearranging, i.e. 

pr avy 3 
ake TENE 

Ta 

Now, the negative ions must at least be able to fit across 
the sides of the cube without overlapping. This means 
that 

2r_=a or im? 

If we combine the two equations, we have 

f SN SSL = 03732 

This is the minimum ratio that will allow the structure to 
exist without the negative ions overlapping. If they 
become larger than this critical size, they will overlap 
along the edges; strong repulsions will be set up and the 
crystal structure will adjust to a more favourable type. 
Therefore we must have r* /r~> 0.732, as shown in Table 
52 

The derivation of the other rules is similar, but in each 
case you need to take care with the trigonometry. 

32.5 The number of atoms or ions 

in a unit cell 

Sometimes it is useful to be able to calculate the number 
of atoms or ions in a unit cell. In the simple cubic struc- 
ture of Figure 32.14 we have to realise that the atoms at 
the corners do not belong to just one unit cell. In the 

———, 
ASS 1g 

peice 

This corner is shared 
by seven others: 4 below, 
and 3 on the same level 

Figure 32.14 In a simple cubic structure, only one-eighth of 
each corner atom belongs to the unit cell. Hence the effective 
number of atoms in the cell is 8 x 1/8=1 
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Table 32.3. The sharing of atoms by cubic unit 
cells 

Position of atom Shared by Contribution to one cell 

Commer 8 cells 1/8 
Edge 4 cells 1/4 
Face 2 cells 1/2 
Inside cell 1 cell 1 

crystal itself the cells join up in three dimensions as 
shown. Every corner is shared by seven other cubes 
(making eight in all); every edge is shared by four cubes 
in all; every face is shared by two cubes (Table 32.3). 
This means, for example, that a corner atom contributes 
one-eighth of an atom to any one cell. 
Armed with this information we can calculate the 

dimensions of a unit cell if we know the density of the 
material and the atomic (or molecular) masses of the 
particles in the cell. Let us use potassium chloride as an 
example. The essential information is: 

Density of potassium chloride = 1.98 x 10?kg m~ 
M(KCl) = 74.6 X 107-2 kg mol7! 
Crystal structure of potassium chloride: cubic, sodium 
chloride structure 

Given that the structure of potassium chloride is like that 
of sodium chloride, we can use Figure 32.6 to help us. 
The ions in the unit cell are: 

32.3 Calculate the length of the unit cell of sodium 
chloride. You will need this information: 

Density of sodium chloride = 2.17 x 10° kg m-°. 
M(NaCl) = 58.4 x 10°-$kg mol-'. 

32.4 The unit cell of silver iodide, Agl, has four 
iodide atoms in it. How many silver atoms must be in 
the unit cell? 

32.5 The coordination number of the barium ions, 
Ba?*, in barium fluoride, BaF,, is 8. What must be the 
coordination number of the fluoride ions, F~? 

32.6 Look at the sodium chloride structure in Figure 
32.6 and use it to calculate the critical value of r*/r- 

for this structure. As before, call the side of the cube 

Answers 

32.1. The forces are van der Waals forces. These are 
relatively weak so that the layers can slide over one 
another. However, at room temperature and pressure 

the sliding is assisted by small molecules, e.g. from air, 
that are trapped between the layers. At high altitudes 
(low pressures) these small molecules are lost from the 
structure, and the layers slide over one another with 
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Potassium ions 

8 at the corners, count as 8 X 1/8=1 in the cell 

6 at the faces, count as 6 X 1/2 = 3 in the cell 
total number of potassium ions present = 4 

Chloride ions 

12 at each edge, count as 12 X 1/4=3 in the cell 
1 at the centre, counts as | in the cell 

total number of chloride ions present = 4 

Thus we have four pairs of ions in the unit cell. Now, we 
know that 1 mol of KCl contains 6.02 x 10”? pairs of 
potassium and chloride ions (see Unit 37 if you are 
unsure about this). So, if each unit cell contains four of 
these pairs there must be 1/4 xX 6.02 x 10”? unit cells in 
Imol of KCl, i.e. “number “of” unit cemsaem 
1 mol= 1.504 x 10*?. Because density = mass/volume, 
we also know that 

74.6 X 1073 kg 
1.98 x 10°? kg m~ 

= 37.68 X 10°° m? 

volume of 1 mol of KC]= 

Combining our two results, the volume of one unit cell 
must be 

37.68 X 10°-° m? 

1.504 x 107? 

= 25.05 x 10-7? m? 

volume of unit cell = 

The length of one side of the cell is the cube root of this 
result. If you do the calculation, you will find the answer 
to be 630 pm. 

a. Look at the ions along an edge. What is the con- 
nection between a, r* and r~? What is the length of a 
diagonal across a face? If the negative ions are not to 
overlap, what is the connection between a and r~? 
Now combine the equations you have written down to 
work out the value of rt/r-. 

32.7 The radius of a calcium ion is 94pm, and of an 
oxide ion is 146pm. Predict the crystal structure of 
calcium oxide. 

32.8 Look at the zinc blende structure in Figure 
32.7. What are the numbers of zinc and oxide ions in 
one unit cell? (To do this you will have to work out 
how many similar unit cells will fit together in a three- 
dimensional structure.) 

much greater difficulty. In diamond the carbon atoms are 
linked by strong covalent bonds. The interconnecting 
tetrahedral arrangements make the diamond lattice 
extremely strong. 

32.2 The sulphide ion is large and ‘squashy’. It is easily 
polarised by the much smaller zinc ion, and covalency 
results. This is an example of Fajans’ rules. 



Answers — contd. 

32.3 There are four ion-pairs in the unit cell of sodium 
chloride. Thus, the calculation follows exactly the same 
pattern as that for potassium chloride. So we have 

58.4 x 10°%kg mol™' 
volume of one mole = 2=——~~_*9 MO" __ 

2.17 X 10% kg m-? 
= 26.79 x 10°&m? mol"! 

Like potassium chloride, there are four NaCl ion-pairs 
per unit cell so the volume of one unit cell is 

26.79 x 10-&m? mol™' 

1.504 x 1073 mol"' 

= 17.81 10° m? 

Taking the cube root gives the length of the cell as 
562 pm. 

32.4 The formula, Agl, tells us that the ratio of silver 
atoms to iodine atoms is 1:1. Hence, if there are four 

iodine atoms in the unit cell there must also be four silver 
atoms. 

volume of unit cell = 

32.5 The coordination number of the barium ions tells 
us that it is surrounded by eight fluoride ions (charge 
8 x (—1) = —8). In order to balance out the eight nega- 
tive charges, we need four barium ions (charge 

4x(+2)=+8). Hence, the coordination number of the 
fluoride ions must be 4. You will find that the coordina- 
tion numbers and the charges of ions always balance 
out to give neutrality. 

32.6 Along an edge, 2r* + 2r~ =a. Along a diagonal, 
4r-=aV2. These give rt =a/2—r-=(1-V2/2 
xal2=(2—V2)xal4.” “So rir =(2—V2y'v2 
= 0.414. 

32.7 The ratio r*/r- =94pm/146pm=0.644. The pre- 
diction is an octahedral arrangement of the oxide ions 
around the calcium. Because the ions have equal but 
opposite charges, there must also be an octahedral 
arrangement of calcium ions around oxide ions. Thus we 
would expect a rock salt (sodium chloride) structure. 
This structure is confirmed by X-ray diffraction. 

32.8 There are sulphide ions at each of the eight cor- 
ners of the unit cell. These contribute 8 x 1/8=1 ion in 
all. Also, there are sulphide ions at each of the six faces. 
These contribute 6 x 1/2=3 ions in all. In total there are 
four sulphide ions to each cell. The four zinc ions are all 
contained within the cell, so overall there are four zinc 
ions and four sulphide ions in each cell. 

UNIT 32 SUMMARY 

@ Incounting the effective number of atoms orions ina 
unit cell: 

(i) Atoms at each corner count as 1/8. 

@ The unit cell of a crystal lattice is the basic building 
block of a crystal. Unit cells fit together to make up 
an entire lattice. They have the full symmetry of 
the crystal. (ii) Atoms at each face count as 1/2. 

@ Allcrystals belong to one of the seven crystal systems (iii) Atoms on an edge count as 1/4. 
and to one of the fourteen Bravais lattices. (iv) Atoms within the cell count as 1. 

@ The unit cell adopted by a particular crystal will 
depend on the radii of the atoms or ions making up 
the structure (see Table 32.2). 
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8 
Sizes of atoms, ions and molecules 

33.1 How can we estimate the size 

of an atom? 

We can estimate the size of an atom if we know the 
atomic mass of an element and its density as a solid. 
Taking gold as our example, a data book will provide the 
following information: 

M(Au) = 197g mol"! 
density of gold= 19 320 kg m~? 

Therefore, the volume of 1 mol of gold (the molar 
volume) is 

197 X 107? kg mol“! 

19 320kg m~™ 

= 1.02 X 10°> m* mol"! 

molar volume = 

The number of particles in 1 mol is given by the Avo- 
gadro constant, 6.02 X 107? mol7!. Thus our estimate for 
the volume of one atom of gold is 

O25 Ome imamo les 

6.02 X 107? mol! 

NN GOOe<al Omen: 

volume of one atom= 

If we assume that the atoms are spherical, the radius of a 
gold atom is found from the formula for the volume of a 
sphere (volume = 4str?/3). So 

(radius)* = 3 X 1.69 X 10-7? m?/4 

or 

radius = 1.59 X 10°'°m or 159 pm 

This result makes at least one big approximation. That is, 
we have ignored all the empty space in the crystal. 
However, the result is clearly of the right order of 
magnitude. 

For an accurate measurement we can turn to X-ray 

diffraction. The radius found for gold is 144 pm, so our 
estimate above was not too bad. 

188 Physical Chemistry 

33.1 The amount of empty space in a gold crystal is 
about 26% of the total volume. Go over the calcula- 
tion of the estimate of the radius of a gold atom mak- 
ing allowance for the empty space. 

33.2 Metallic.and covalent radii 

We like to think of atoms as nicely rounded things, 
spheres in fact. However, in any estimate or measure- 
ment of the ‘radius’ of an atom there is always some 
inaccuracy. Partly this is because of the usual errors that 
enter into any measurement. However, another reason is 
that it is impossible to define the size of an atom exactly. 
If you look back to our work on electron orbitals (Unit 
11), you will find that we agreed to draw probability 
density diagrams, which show where an electron is to be 
found for 95% of the time (Figure 33.1). For the other 
5% of the time the electrons can be anywhere outside 
the region that we draw. 

Figure 33.1 The idea that an atom has a fixed size is not right. 
The circle (sphere) that we draw representing an s orbital 
shows only the region within which the electrons spend 95% 
of their time 



The point is that it is impossible to say precisely where 
the atom begins and ends. So the idea of an atom having 
a very well defined radius is mistaken. The best we can 
do is make our estimates as good.as possible. 

One sensible approach to estimating the size of an 
atom is to measure the distance between two atoms 
when they are bonded together, either in a metal (Figure 
33.2) or in a covalent molecule (Figure 33.3). Then, if 
we halve the distance apart we can take that as the 
radius of the atom. Measurements on metals provide us 
with a table of metallic radii (Table 33.1). Measurements 
on covalent molecules lead to tables of covalent radii 
(Table 33.2). 

Figure 33.2 In a metal crystal we can think of the atoms 
arranged as a set of touching spheres. The distance between 
the nuclei of adjacent atoms is twice the metallic radius, r 

eS Oe 
Figure 33.3 In a covalent homonuclear diatomic molecule 
(e.g. hydrogen, nitrogen, chlorine) the covalent radius is also 
half the distance between the nuclei. Using the words 
‘covalent radius’ suggests that the molecule is made up of 
two spheres. This is not true. However, the covalent radius 
does give us a useful idea of the size of an atom 

Table 33.1. Table of selected metallic radii 

Element ti) wer Nal WMemiGa, WemrCuieZzn SAw 
Radius/pm 157 112 191 160 197 126 128 137 144 

Table 33.2. Some covalent radii 

Element H Cc N O F cl Br I 

Radius/pm 37 WL 74 73 La 99 jh lvoe 2323 

33.3 Van der Waals radii 

Iodine is a solid at room temperature. The forces that 
hold the molecules together in the solid are the van der 
Waals forces that we described in Unit 20. In the crystal 
the molecules are arranged in layers, as shown in Figure 
33.4. 

The equilibrium distance between the planes is 
427 pm. Half of this distance gives us the van der Waals 
radius of iodine. (In tables, the value is usually rounded 
up to 215pm.) By making measurements on other 

Ds Sie 

Figure 33.4 (a) The crystal structure of iodine contains planes 
of |, molecules, with alternate layers staggered as shown. The 
distance between the planes is 427pm, and the distance 
between molecules in the same plane is only 356 pm. (b) the 
van der Waals radius, r,, of an atom is larger than the covalent 
radius, r. The distance between iodine atoms in neighbouring 
iodine molecules is twice the van der Waals radius of iodine 
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Table 33.3. Some van der Waals radii 

Element H N O F Cl Br I 

Radius/pm 12.0. ISOs 140m SIIB Se LS OR LOS a ae 

covalent solids, the van der Waals radii can be 

established, some of which are listed in Table 33.3. 

33.2 The van der Waals radius of xenon is 218pm. 
How does this compare with the corresponding radius 
of iodine in |,? Is the result to be expected? (Hint: 
what does isoelectronic mean?) 

33.3 The shortest distance between iodine atoms in 
different iodine molecules within a plane in an iodine 
crystal is 350pm. Suggest a reason why this is 
shorter than the van der Waals radius. 

33.4 Ionic radii 

By now you will not be surprised to learn that we begin 
the search for measurements of ionic radii with the X-ray 
diffraction patterns of ionic crystals. (This is assuming 
that such crystals really do contain ions — see Unit 18.) 
However, matters are complicated by the presence of (at 
least) two different types of atom. This is unlike the case 
of metallic, covalent and van der Waals radii, where we 
were concerned with one type of atom at a time. The 
problem is illustrated by the case of sodium fluoride 
(Figure 33.5). The distance between the sodium nucleus 
and the fluorine nucleus is 231 pm; but this does not tell 
us how large the sodium ion is compared with the 
fluoride ion. Linus Pauling suggested a method of 
estimating the sizes of the ions. His approach was to 
work out how much the electrons in each ion were 
screened from the nucleus. The idea behind screening is 
that an electron towards the outside of an atom does not 
feel the full effects of the positive charge on the nucleus. 
This is because of the cloud of negative charge (due to 
the other electrons) between the outer electron and the 

231 pm 

Figure 33.5 Although we can measure the distance between 
the nuclei of the two ions in sodium fluoride, this does not tell 

us the radii of the individual ions. We only know that 
lat +i --=237 pm 
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nucleus. The negative charge cuts down the attraction 
between the outer electron and the nucleus, i.e. it shields 
the outer electron from the nucleus. As far as the 
electron is concerned the nucleus will look like one with 
a smaller number of protons. . 

Both sodium and fluoride ions have the same number 
of electrons, ten. They are said to be isoelectronic. If both 
ions had the same effective nuclear charge we would 
expect them to have the same radius; but their effective 
nuclear charges are different. Pauling’s argument was 
that the more the electrons were screened from the 
nucleus, the lower the effective nuclear charge; so the 
further away from the nucleus the electrons could 
wander. Thus the higher the effective nuclear charge, the 
smaller the ion (and vice versa). The effective nuclear 
charge for the sodium ion was calculated by J. C. Slater 
to be 6.85 and that for the fluoride ion was 4.85. 
Therefore, 

radius of the fluoride ion_ 6.85 

radius of the sodiumion 4.85 

We can write this in symbols as 

Jigga 

Nat 

= 1.4] or R,- = 1.41 X Rya+ 

Now, we know. that , 

Ryat + Rp- = 231 pm 

so 

Rya+ + 1.41 X Rya+ = 231 pm 

This gives us 

Ryat = 95.9 pm and R,- = 135.1 pm 

Now these two values have been established (but 
remember that they have not been measured, only 
estimated) we can use them to calculate the radii of a 
wide range of different compounds. For example, the 
measured internuclear distance in potassium fluoride is 
266 pm. If we assume that the fluoride ion keeps the 
same ionic radius as in sodium fluoride, we find that 
Ry» = 266pm-— 135pm=131pm. By a similar method 
we can calculate the ionic radii of Li* in LiF, and Rb* in 
RbF. Then with the values of R,j+, Rya+, Ry+, Rept 

established we could calculate the radii of the negative 
ions in ionic crystals of lithium, sodium, potassium and 
rubidium. 

The success of this method relies on the notion that the 
size of an ion is independent of the compound in which 
it finds itself. This assumption is not a good one. The 
reason is clear: many ‘ionic’ compounds have a con- 
siderable degree of covalency. Nonetheless attempts 
have been made at adjusting the ionic radii to give as 
good a fit as possible with the wide range of compounds 
generally thought to be ionic. Some of these adjusted 
values are listed in Table 33.4. 

The values give a good idea of the relative sizes of the 
ions; but you should not expect them to give an accurate 
internuclear distance in a compound. For example, the 
internuclear distance in lithium fluoride obtained by 
adding up the radii of the fluoride and lithium ions in 
Table 33.4 is 209 pm. From experiment the distance is 
201 pm. 



Table 33.4. Some ionic radii 

Charge of +1 Charge of —1 

Ton lith . OWebOnK Rb F Gl BEL = 

Radius/pm 76 102 138 152 LSS Sil Lo 6s 2.0) 

Charge of +2 Charge of —2 

Ion Be ) Me- ‘Ca Sr O S Se 
Radius/pm 45 72 100 118 140 184 198 

Charge of +3 Charge of —3 

Ion Al N 
Radius/pm 54 146 

33.4 Compare the sizes of the atomic and ionic radii 
of: 

(i) the Group | metals Li, Na, K, Rb; 

(ii) the Group VII elements (halogens) F, Cl, Br, |. 

What happens to the size of an atom when it 
becomes positively charged, and when it becomes 
negatively charged? In terms of shielding, give a 
short explanation for the trends you have spotted. 

33.5 This question refers to the ions listed in Table 
33.4. 

(i) Which is the most polarisable? 

(ii) Which positive ion would cause the greatest 
amount of polarisation in a negative ion? 

(iii) Which ion is the most likely to have a large 
amount of covalency in its compounds? 

33.5 Bond lengths 

The distances between the nuclei of atoms in molecules 
can be measured in several ways, e.g. by X-ray diffrac- 

Answers 

33.1 The actual volume occupied by the gold atoms 
will be 74% of 1.02x10-°m’%, i.e. 0.755 x 10°-5m%. 
Working with this figure eventually leads to an estimate 
of 143 pm for the radius. 

33.2 It is almost the same. When the iodine atoms in I, 
share an extra electron with each other, they become 

isoelectronic with xenon. (‘Isoelectronic’ means having 
the same number of electrons.) Given that xenon has 
only one extra proton in its nucleus compared to iodine, 

we would expect that the electron clouds around the 

tion. You can find a list of bond lengths in Table 33.5. In 
many cases the average length in different molecules is 
reported. For example, the C—H bond length is the aver- 
age taken from a large number of organic molecules. 

There are two points of which you should take special 
notice: 

(i) The bond lengths of homopolar diatomic mol- 
ecules are twice the covalent radii of Table 33.2. 

(ii) The lengths of double bonds are less than the 
lengths of single bonds between the same two 
atoms, and triple bonds are even shorter than 
double bonds. This reflects the general rule that: 

The shorter the bond length, the stronger is 
the bond. 

You can check this rule out by comparing Table 33.5 
with Table 44.3. 

Table 33.5. Bond lengths 

Bond Comment Bond length/pm 

leflsl In H, 74 
isl) In HCl 127 
H— © In H,O 96 

Gleel InmGls 199 
Br—Br In Br, 228 
I-I In I, 267 
N-N In N,H, 147 
N=N In N; 110 

O-O In H,0, 128 
O=O0 In O, 121 

(is! Organics 108 
CEI Halogenoalkanes We, 
G=O Organic OH groups 143 
C=O Aldehydes and ketones 122 

GaG Organics 154 
C=C In-C3H, 134 
C=C In C,H, 121 

Cc—N Amines 147 
C=N Nitriles 116 

atoms would be similar. As a result we might expect their 
van der Waals radii to be similar. 

33.3 Probably the iodine atoms are close enough for 
their electron clouds to overlap and give a small amount 
of covalent bonding between them. 

33.4 (i) The ionic radii of the positive ions are all smal- 
ler than the radii of the neutral atoms. 

(ii) The ionic radii of the negative ions are all greater 
than the radii of the neutral atoms. 
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Answers — contd. 

When an atom loses an electron, the amount of 33.5 (i) The iodide ion, I”. This is the largest negative 
shielding is reduced and the attraction of the nucleus for ion in the table. 
the remaining electrons increases. Therefore we would (ii), (iii) The beryllium ion, Be?*. This ion represents a 
expect these electrons to be pulled a little closer to the very dense region of positive charge (it has only two 
nucleus. That is, the radius should decrease. By a electrons shielding the nucleus), so it has the greatest 
similar, but opposite, argument, if an atom gains an attraction for electrons. 
electron, this electron will spend much of its time far from 
the nucleus and will be considerably shielded from the 
nucleus. The attraction of the nucleus for the outer 
electrons will be reduced, so the size increases. 

UNIT 33 SUMMARY 

@ The volume of an atom can be estimated knowing its @ The van der Waals radius of an element is normally 
relative atomic mass and the density of the solid it half the closest distance between the nuclei of 
makes. atoms in different molecules in a lattice made up of 

® The metallic radius is half the distance between the covalent molecules. 
nuclei of neighbouring atoms in a metal lattice. @ The ionic radius is the effective radius of an ion 

@ The covalent radius of an element E is half the within a series of ionic crystals of which the ion isa 
distance between the nuclei of atoms within the part. 
diatomic molecule E,. 
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34 
Real and ideal gases 

34.1 The gas laws 

The molecules in a gas are in constant random motion. 
In their frantic movements the molecules collide with 
each other, and with the walls of their container. It is the 
collisions with the walls that give a gas the property that 
we call pressure. Let us imagine a gas trapped in a con- 
tainer fitted with a piston and a pressure gauge (Figure 
34.1). At the start the gas will be in equilibrium with its 
surroundings, so the pressure of the gas will be the same 
as the atmospheric pressure. 

If we heat the gas, then the energy of the molecules 
increases. This means that, on average, they increase 
their speeds. They hit the walls of the container harder, 
which results in the piston moving outwards; i.e. the 
volume of the gas increases. However, when the gas 
finishes expanding, and the piston stops moving, 
equilibrium is established again. If we assume the out- 
side pressure remains constant, then the pressure inside 
the gas at equilibrium must be the same at the end of the 
heating as it was at the start. 

The expansion of gases was investigated by J. A. C. 
Charles in 1787, but it was Gay-Lussac in 1801 who first 
published a systematic set of results, which formed the 
basis of the following law: 

_At a constant pressure, the volume of a fixed | 
_ mass of gas is proportional to its temperature. 

In spite of Gay-Lussac’s work, this is still known as 
Charles’ law. In symbols the law says 

VaT (p constant) 

or 

Ve i | 

7 = constant Charles’ law 

It is most important to use the Kelvin scale of temperature 
here, not the Celsius scale. Graphs of volume of a gas 
plotted against Celsius temperature look like those of 
Figure 34.2. If the measurements taken around room 
temperature are plotted and the lines extended back, 

1 atm 

Pressure gauge 

Equilibrium at a lower temperature 

1 atm 

Pressure gauge 

Equilibrium at higher temperature: 
same pressure, but greater volume 

Figure 34.1 If the pressure remains constant, equilibrium can 
only be achieved at two different temperatures if the volume 

changes 

they meet at —273°C. At this temperature the volume of 
the gases appears to reduce to zero. Clearly this is 
impossible for real gases, but nonetheless the graphs 
show that the temperature is of great importance. It 
makes sense to avoid negative numbers where possible, 
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—273 0 Temperature/°C 

Figure 34.2 When graphs of volume against temperature are 
plotted for different gases the lines can be extended back to 
the imaginary case of zero volume. The temperature at this 
point is about —273° C 

and we can use the —273°C point on the graph to define 
the zero of a new scale of temperature. This is the 
absolute or Kelvin scale. On this scale, temperature is 
measured in kelvins (K). We can convert between 
degrees Celsius and kelvins by adding 273; e.g. 
100° C= (100 + 273) K=373K. Similarly, we convert 
kelvins to degrees Celsius by subtracting 273; e.g. 
127K = (127 —273)°C=—146°C. Notice that the 

degrees sign, °, is not put next to the K of a temperature 
in kelvins. 

Now let us think about keeping the temperature of the 
gas constant, but at the same time changing the pressure 
by moving the piston in or out. This type of experiment 
was first investigated by Robert Boyle in 1662. He 
showed that: 

Provided the temperature is kept constant, 
the volume of a fixed mass of gas is inversely 
proportional to its pressure. 

This is a statement of Boyle’s law. In simpler language it 
says that if the pressure is increased, then the volume 
gets smaller, and vice versa. In symbols we have 

Vos (T constant) 

Alternatively we can put 

pV =constant Boyle’s law 

Graphs of volume plotted against pressure are curves; 

V pV 

1/Pressure Pressure 

graphs of volume plotted against 1/p are straight lines 
(Figure 34.3). 

We can combine Boyle’s and Charles’ laws into one 
grand summary of the properties of ideal gases by using 
the equation 

py x 7 = constant 

The name given to the constant is, not too surprisingly, 
the gas constant, R. Its value is 8.314J K~! mol7!. Then 
we have 

Actually, this equation is only true for 1 mol of gas. If we 
have n mol, we finally arrive at the ideal gas equation: 

gis Ta nR 

or 

pV =nRT Ideal gas equation — 

When you use this equation, do be careful about the 
units: pressure p should be measured in N m~ or Pa; 
volume Vin m?; and'temperature Tin K. Often pressure 
is also measured in atmospheres, atm. The conversion 
between the units can be done by noting that 

latm=1.013X10°Nm~2 or  latm=101.3kPa 

However, if you use pressures in atmospheres, you will 
have to use the non-standard unit for the gas constant: 
R=0.082 dm? atm K™! mol"?. 

34.1 Why is it that at low pressures real gases begin 
to behave more like ideal gases? 

34.2 The combination of temperature of 273K and 
pressure of 1.013 10°N m~? (0°C and 1atm) is 
known as standard temperature and pressure, Ss.t.p. 

Use the ideal gas equation to work out the volume 
that 1 mol of an ideal gas should have (i) at s.t.p., (ii) 
at 20°C (about room temperature) and (iii) at 100°C. 
Don’t forget to convert to the Kelvin scale, and take 
the pressure as 1.013 x 10°N m? (1 atm if you pre- 
fer, but watch out for units!). Your answers should 

V 

Pressure 

Figure 34.3 For an ideal gas, graphs of V against 1/p or pV against p are straight lines. A graph of V against p is a curve 
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come out as so many m°. Convert them to dm® by 
multiplying by 10°. 

34.3 The ideal gas equation has often been used in 
the following way: we assume we have a gas under 
two different sets of conditions where the pressures, 
volumes and temperatures are written p,, V;, T, and 

Pao, Vo, Tp. 

(i) Briefly explain, or show, why 

P1V; _ PoV2 

T, T; 
(ii) A gas had a volume of 2m® at s.t.p. Use this 
equation to work out the volume that the gas 
would occupy at 100atm pressure (100 1.013 
x 10°N m2) and 200°C. 

34.2 Real gases and the van der 
Waals equation 

It has been said that, if Boyle and Charles were doing 
their work with modern equipment, they would not 
have discovered their laws. This is not really true, but the 
idea behind the statement is that the sensitive apparatus 
that we now have available shows that no real gases 
obey their laws completely. Many behave in ways that 
would have made the laws difficult to discover. For 
example, if you were to use ammonia in a Boyle’s law 
experiment performed with modern equipment, your 
results would fit a graph like Figure 34.4. 
The graphs are definitely not straight lines. However, 

at low pressures the lines are very nearly straight. We 
call the lines that we should get from Boyle’s law (or 
Charles’ law) the ideal gas lines. Real gases show devi- 
ations from ideal gas behaviour. For some gases the devi- 
ations are very small; the noble gases helium, neon and 
argon are examples. For others, like ammonia, the devi- 

pV 
Ammonia 

Hydrogen 

Helium 

Ideal gas 

Pressure 

Figure 34.4 Gases that have weak intermolecular forces give 
straight lines, which at low pressure are very close to the ideal 
gas line. Gases like ammonia, which have stronger intermole- 
cular forces, give lines that are very different to the ideal gas 
line 

ations are enormous. The intermolecular forces between 
the molecules in a real gas are mainly responsible for the 
deviations. Gases with the strongest intermolecular 
forces show the greatest deviations. 

However, there is another reason why we might 
expect real gases to show non-ideal behaviour. Real 
molecules have a volume of their own, but the molecules 
of an ideal gas are assumed to have no volume. 

One of the first equations meant to fit real gases was 
invented by J. H. van der Waals in 1873 and bears his 
name. To see the effect of molecular size, imagine a large 
scale model of a gas in which tennis balls can bounce 
around at random in a box. If the box is a 1 m cube, its 
volume will be 1m’, or 10°cm?. One tennis ball might 
have a volume of about 100 cm’, so if we put one ball 
into the box, the next tennis ball no longer has 10° cm? 
to move around in. It only has (10° — 100) cm’. The third 
ball will be able to move in (10°— 200) cm?, and so on. 
(Actually the available volume is even less than these 
figures; to see why try question 34.4.) The key thing is 
that the volume of the container is not the volume in 
which the molecules can move. The actual volume open 
to them is less than that of the container. For this reason 
van der Waals wrote the volume of the gas as V—nb. 
Here n is the number of moles of gas, and b is the volume 
that is no longer available to each mole. Thus far we 
have 

p(V—nb) =nRT 

The second correction he made was to allow for inter- 
molecular forces. If you were a molecule in the centre of 
a gas, or at least not close to the walls of the container, 
you would be surrounded by a sphere of other mol- 
ecules. You would feel some attraction for them, and 
them for you. Because of the spherical arrangement you 
would experience the same strength of force in every 
direction (Figure 34.5). This cosy symmetrical situation 
does not hold near the walls of the container. Here you 
would have molecules on one side of you only. The 

Figure 34.5 A molecule towards the centre of a gas is sur- 
rounded by other molecules. The attractions between them 
tend to cancel out. A molecule near a wall of the container 
feels attractions that tend to pull it back into the main body of 
gas 
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Panel 34.1 

The pressure correction to the ideal gas 
equation 
We can take v/V as a measure of the concentration 
(or density) of the molecules in the gas. The higher 
the concentration, the more molecules there will be 
in the body of the gas (towards the centre) and the 
more molecules there will be near the walls. The 
resulting pull will depend on both factors, so we can — 
write: 

coe concentration concentration 
reduction in 

« of molecules Xx _ of molecules 
pressure 

near centre near walls 

bas 
VY 

or, 
5 5 

n2 a ave 

reduction in pressure = constant xD Sao 

where we have written the constant as a. 

influence of their attractions would be to pull you back 
into the body of the gas (Figure 34.5). With this retard- 
ing force you would not collide with the walls of the 
container with the same speed or momentum as you 
would if the other molecules were absent. Given that the 
collisions of the molecules with the walls of the con- 
tainer give rise to the pressure of the gas, the effect of the 
intermolecular forces on the molecules near the walls is 
to reduce the pressure that the gas exerts. Therefore, if the 
real pressure is less than the ideal, we have to add a 
correction to the real pressure to give a value closer to 
the ideal figure. Van der Waals wrote the corrected 
pressure as p+ an?/V?. You will discover the reason why 
in panel 34.1. Putting the volume and pressure correc- 
tions together we finally have 

2 

(r + an (V—nb)=nRT _ van der Waals:equation 

By measuring the way the pressure and volume of real 
gases behave, we can try to fit the equation to the 
experimental points. 

34.4 This question will show you a more accurate 
way of estimating the volume taken up by the mol- 
ecules in a gas. In Figure 34.6 you can see a diagram 
showing two balls touching. They both have the same 
radius, r. Around one of the balls is a shaded circle (a 
sphere in three dimensions). The second ball cannot 
occupy the volume enclosed by the shaded sphere. 
(If it tried to get closer it would force the other ball out 
of the way.) 
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Figure 34.6 The shaded area (volume in three 
dimensions) cannot contain both atoms at the same time 

(i) What is the formula for the volume around the first 
ball that the second ball cannot enter? 

(ii) This is the volume that the two balls cannot both 
share. In a gas this would refer to two molecules 
rather than two balls. What is the effective volume 
occupied by one molecule? 

(iii) How does.this compare with the actual volume of 
one molecule? 

34.3 How good is the van der Waals 
equation? 

Figure 34.7 shows you the type of graph predicted from 
the van der Waals equation, and that obtained from 
experiment. Each of the lines on the graph shows how 
values of pressure and volume change at a fixed 
temperature. Each line is called an isotherm. Theory and 

High temperature 

T,; the critical 
isotherm 

Low temperature 

Volume 

Figure 34.7 Graphs of p against V predicted from the van der 
Waals equation (— --—--— -) do agree with those obtained from 
experiment ( ) at high temperature, but not at low 
temperature. Each curve shows the behaviour of a gas at one 
temperature; the curves are called isotherms 



Pressure 

D 

Liquid being 
compressed 

Gas begins to 
liquefy 

B 
———eooooos sso +vTvTlvl““"’ 

Volume decreases rapidly 
with no change in pressure: 
gas changing to liquid 
of much smaller volume 

Volume 

(b) Along AB 

(d) Along CD 

Figure 34.8 How the volume of a real gas changes with press- 
ure. (a) Isotherm for a gas at some temperature, T, (below its 
critical temperature). (b) At the beginning, as the piston is 
pushed in, the pressure increases as the molecules are con- 
fined to a smaller volume. (c) Gradually the molecules come 
closer and closer together. With real gases there comes a 
time when the molecules stick together. Liquid droplets start 
to appear. (d) Liquids are very hard to compress so there is 
little change in volume even for a large increase in pressure 

practice agree when the temperature is high. Then the 
isotherms look like the third graph of Figure 34.3, which 
fits Boyle’s law. At lower temperatures, though, we run 
into trouble. For example, the isotherm of the real gas 
becomes horizontal, while the one predicted from the 
equation oscillates up and down. The reason for the 
difference is that, under particular conditions of 
temperature and pressure, real gases liquefy. This 
behaviour is not covered by the van der Waals equation. 

To understand why the graph becomes horizontal, 
return to our example of the gas trapped in a cylinder 
fitted with a piston. Let us assume that we keep the gas 
at a low temperature, T, say, and that its starting volume 
is somewhere far to the right of the graph in Figure 34.8. 
As the pressure increases, the volume decreases; but at a 
particular pressure we know that real gases will liquefy. 
If you were able to look inside the cylinder you would 
see tiny droplets of liquid appear. The volume of the 
droplets will be very much smaller than the volume of 
the gas that it replaces, so the volume of the gas 
decreases rapidly. We would see the piston being pushed 
further into the cylinder by the outside pressure. This is 
what happens along the horizontal part of the graph. 
Eventually, when all the gas is liquefied, it takes a huge 
increase in pressure to change the volume. The mol- 
ecules in a liquid are already very close together, so it is 
very hard to reduce the volume any further. This stage is 
shown by the lines becoming almost vertical on the 
graph. 

One of the most interesting isotherms in Figure 34.7 
is the one marked as the critical isotherm. This isotherm 
marks the border between gases and liquids. The 
temperature of the critical isotherm is called the critical 
temperature, T.. Above T. a gas will not liquefy, no mat- 
ter how high the pressure. The reason for this behaviour 
is that the molecules have so much thermal energy that 
the intermolecular forces are not powerful enough to 
make the molecules stick together. Each gas has its own 
critical temperature because the strengths of the inter- 
molecular forces in each gas are different. Below T. a gas 
can be liquefied. You will find the critical temperatures 
of some gases in Table 34.1. 

The van der Waals equation is surprisingly good when 
we take into account the fairly simple changes that were 
made to the ideal gas equation. Where it fails is in not 
taking intermolecular forces into account in sufficient 
detail to predict when a gas might liquefy. There have 
been other attempts to find an equation that fits real 

Table 34.1. The critical temperatures of some 
gases 

Gas Critical temperature/K 

Helium 5.2 
Hydrogen 33.2 
Nitrogen 126.3 
Methane 191.1 
Carbon dioxide 304.2 
Ammonia 405.5 
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gases. One that has proved fairly successful is called the 
virial equation. It looks like this: 

Bid Guy h Vedra Se 
d Vey 

34.5 The value of the volume correction b in the van 
der Waals equation for ammonia is 3.71 x 10-5m° 
mol~'. Use your answer to question 34.4 to estimate 
the radius of an ammonia molecule. Remember that 
the value of b is for 1 mol of molecules (the Avogadro 
constant, L = 6.02 x 1073 mol™'). 

34.6 Look at the virial equation and guess (or work 

Answers 

34.1 At low pressures the molecules are, on average, 
far apart. This means that the forces between them can- 
not get to work easily, so they wander around 
independently, like the molecules of an ideal gas. 

34.2 We have pV=AT, or V=AT/p. 

(i) V=8.314J K~' mol”! x 273 K/1.013 x 10°N m? 
= 22:41x107> m* mol=' 

or V= 22.41 dm? mol’. 

(ii), (iii) Similarly we find V=24.04dm°, and V 

= 30.61 dm, respectively per mole of gas. 

These results should confirm some approximations 
that you may have used if you have done calculations on 
gas volumes before. The two most important are that 
1 mol of an ideal gas occupies approximately 22.4 dm? at 
s.t.p., and about 24dm* at room temperature and 
pressure. 

34.3 (i) Using pV=nAT for the two conditions we have 

PV; __p p,V,=nRT, or T, 

Similarly, 

PoVo=nRT, or 

This gives the result. 

(ii) If we call p,, etc., the final values, and ps, etc., the 
starting values, we have 

Here, A, B, C, ... all vary with temperature and their 
values have to be found from experiment. However, the 
values of some of them can be predicted from theory; but 
to do this would lead us astray. 

out) what the constant A stands for. Remember, an 
equation like this tells us about deviations from ideal 
behaviour. 

34.7 Nitrogen gas could be used for putting out 
fires, but it is not used in fire extinguishers. However, 
many extinguishers contain liquid carbon dioxide. 
Why are there no liquid nitrogen fire extinguishers? 

100 x 1.013 10°Nm?xV,_ 1.013 x 10°N m-? x 2m? 

473K i 273K 
Therefore, 

vie 473 K x 2m? 

273 K x 100 

Notice that the higher temperature tends to increase the 
volume (gases expand when they are heated), and the 
increased pressure leads to a decrease in volume. In 
this case the 100-fold increase in pressure brings about 
a large contraction in volume. 

34.4 (i) The volume is 4x(2r)? = ar? 

(ii) 42r° 

(iii) The volume of one molecule is 3zr°, so the unavail- 
able volume is four times greater than the volume of a 
single molecule. 

34.5 We have 

48 nr3 x 6.02 x 10 mol"! =3.71 x 10-5 m> mol! 

Working this through gives 

air = 15.4 «100° me 

Solving for the radius gives r= 1.54 x 10°'°m or 154pm. 

= 0.035 m? 

34.6 A=RT. The remaining terms provide increasingly 
fine corrections to the ideal gas law. 

34.7 The critical temperature of nitrogen is very low 
(126.3 K). Therefore it is impossible to keep containers 
of liquid nitrogen at normal atmospheric temperatures. 

UNIT 34 SUMMARY 

@ The molecules in a gas are in a constant state of 
random motion. 

e@ Inan ideal gas there are no intermolecular forces and 
therefore no tendency for the gas to liquefy. 

e An ideal gas can be thought of as a collection of tiny, 
hard, inelastic spheres in constant motion. 
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@ The zero on the Kelvin scale of temperature is the 
temperature at which the volume of an ideal gas 
becomes zero. 

@ Charles’ law says that: 
At a constant pressure the volume of a fixed mass 
of gas is proportional to its temperature. 



@ Boyle’s law says that: @ Real gases do not obey the ideal gas law exactly; their 
Provided the temperature is kept constant, the behaviour is fitted better by equations that take 
volume of a fixed mass of gas is inversely into account intermolecular forces, e.g. the van der 
proportional to its pressure. Waals equation. 

@ The ideal gas law is pV/T=a constant or pV=nkRT, 
where n is the number of moles of gas and R is the 
gas constant. 
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3) 
Kinetic theory of gases 

35.1 What is the kinetic theory of 
gases? 

If you have read (and understood) Unit 34 you already 
know the basis of the theory. The main points, together 
with some that may be new to you, are listed in Table 
35.1. Especially, pay attention to the characteristics of an 
ideal gas. This is a gas in which there are no intermole- 
cular forces. No real gas is ideal, although some come 
close to ideal behaviour, e.g. helium. The power of the 
theory is that it allows us to account for the behaviour of 
ideal gases and, by making a few other assumptions, the 
properties of real gases as well. In the rest of this unit we 
shall see how this is done. 

Table 35.1. The kinetic theory of gases 

Main idea 

Gases consist of molecules in a constant state of random 
motion 

Related ideas 

The pressure of a gas is due to the collisions of the molecules 
with the walls of the container 

The molecules travel in straight lines unless they collide with 
one another, or with the walls of the container 

In these collisions the total energy of the molecules does not 
change 

Ideal gases 
In an ideal gas the molecules have mass, but no size 
In an ideal gas there are no intermolecular forces 

35.2 The pressure of an ideal gas 

In panel 35.1 and Figure 35.1 you will find a proof of the 
formula for the pressure of an ideal gas: 

p=4Nmv2 

This equation says that the pressure depends on N, the 
number of molecules per unit volume of the gas, on their 
mass, m, and on the mean square speed, v?. 

Now, suppose the molecules were not all of the same 
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Wall of area A 

cannot hit 
the wall in 

I 

I 
1 
I 

\— This molecule : : 

| 

time t 

This molecule can hit 
the wall in time t 

Figure 35.1 Atoms within an imaginary box of length vt can 
hit the wall in time t (assuming they are travelling towards the 
wall) 

mass. If we had two types of molecule, say A and B, the 
pressure would be due to both of them bombarding the 
walls, and 

total pressure = 3N,m,Vv2 + 3NpMpvZ 

which is easier to write as 

Protal = Pa t Pp 

This is one way of writing Dalton’s law of partial pressures. 
In words the law says that: 

The total pressure of a mixture of gases is the 
sum of the pressures that each gas would have | 
if it were on its own. 

Strictly the law is only valid for ideal gases. Real gases do 
not obey the law perfectly. 

35.1 (i) What happens to the average speed of the 
particles in a gas as the temperature increases? 

(ii) Why does the pressure of a fixed volume of gas 
increase with temperature? 

(iii) What happens to the pressure of an ideal gas if, 
at the same temperature, its volume is halved? 



(iv) Explain your answer to (iii) in terms of the kinetic 
theory of gases. 

35.3 The connection between 

energy and temperature 

Another important result from kinetic theory (see panel 
35.2) is that the average kinetic energy of a molecule in 
an ideal gas is given by 

5mv2 = 3kT 

where k is Boltzmann’s constant, of value 1.38 x 10°77 J 
K~'. The value of Boltzmann’s constant multiplied by 
the Avogadro constant is the same as the gas constant, 
i.e. R=Lk, which has the value 8.314J K~! mol™!. 

The importance of the equation for the average kinetic 
energy of gas molecules is its link with the temperature 
of the gas. The factor 3 makes its appearance in the 
equation owing to the three directions in which a mol- 
ecule can move. If it could only move in one direction, 
its average kinetic energy would only be kT/2. A mol- 
ecule’s ability to move in any one of a set number of 
ways is known as its degrees of freedom. A molecule in an 
ideal gas has three degrees of freedom. You may find in 
some more advanced books that it is said (correctly) that 
each degree of freedom counts an amount kT/2 towards 

| Panel 35.1 

he formula for the pressure of an ideal gas — 
_ To calculate the formula for the pressure of a gas, let 

| us think about one molecule travelling towards the 
wall of the container, as in Figure 35.1. 

To keep things simple let us assume that it is 
travelling at 90° to the wall. If it has a mass m and it ~ 
is moving with speed v, then its momentum is mv. 
Now, to stop the molecule dead we would have to 
give it an exactly equal and opposite momentum; 
call this ‘one lot of mv’. Now, the molecule does not 

__ stop dead; it bounces off the wall. If we assume that 
_ it loses no energy in this process, it will travel away 

rom the wall with the same momentum, mv.Togive _ 
it this momentum, an extra ‘one lot of mv’ is needed. — 

Therefore the change in momentum during the colli- 
sion with the wall is 2mv. The force on the wall is the 
change in momentum divided by the time ¢ taken, so 

| wecan oS _ 

force on wall aa? 

: - Similarly, ecu pressure is ferccarek for one 
molecule we have 

2mv. 
pressure on wall = 

- Wecan simplify this as follows. A molecule travel- 

the energy. Non-ideal gases may have other degrees of 
freedom, for example due to their vibrations and 
rotations. The sharing out of energy, giving kT/2 to each 
degree of freedom, is called the principle of equipartition 
of energy. 

Armed with the equation and the formula for the 
pressure of an ideal gas, we can combine them to give 

p= NkT 

where N is the number of molecules per unit volume. 
Now let us assume that we have 1 mol of gas; then we 
calculate the number of particles from the Avogadro 
constant: 

N= 1 mol X 6.02 X 10?* mol~!= 6.02 x 10”? 

Similarly, if we had nmol of gas, 

N=nmol X 6.02 X 107? mol”! 

In general, without writing the units, 

N=nL 

so 

nLkT 

V 

or 

pV=nkT Ideal gas equation 

We have produced the ideal gas equation that we used in 
the previous unit. 

ling with speed v will travel a distance vt in time t. 
_ Therefore any molecule further away than this will 
not hit the wall in this time, and will not contribute 
to the pressure. However, any molecule at this dis- 
tance, or nearer, will hit the wall. Over the area A of 
wall, there will be a volume A X vt, or Avt, in which 
molecules liable to hit the wall can be found. If there 
are N molecules of gas per unit volume, the number 
of molecules hitting the wall is NAvt. Therefore, for 

_ the gas, 

pressure on wall ou x NAvt= 2Nmv? 

Now let us look at the diagram in Figure 35.1 again. 
_ We have dealt with only one wall of the container. 

In fact there are six walls of area A (assuming the 
container is a cube), so on average only one-sixth of 
the molecules will hit any one wall. This means we 
should change our formula to 

pressure on wall=}Nmv? 

Now for the last step. The molecules do not all travel 
with the same speed, so the change in momentum 
and the pressure they exert should be averaged. We 

_ show that we are taking an average by writing a bar 
above the v2, like this: v2. This really is the final 
equation for the pressure in an ideal gas: 

p=3Nmv 
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Panel 35.2 

The connection between the average kinetic 
energy of molecules and the temperature of 
a gas 
Our starting point is 

p=3Nmv 

We also know that pV = RT, so putting the two equa- 
tions together, 

N is the number of molecules per unit volume, so if 
we make V the volume of | mol of gas, then there 
must be 6.02 x 10”? particles present, i.e. N=L/V. 
Putting this into the left-hand side and rearranging 
we get 

Pe Ss 
L 

But R=Lk where k is Boltzmann’s constant, so 

myv2 = 3kT 

Given that the average kinetic energy is mv?/2 we 
find 

dny? =3kT 

This is the equation we were looking for. 

35.4 The spread of energies in a gas 

One of the nice things about the kinetic theory is that we 
can use it to estimate the speeds of molecules in a gas. 
For example, let us use 

| RAAT eee) 
smv2 = skT 

for helium at 25°C (298K). In this: casey 
= 6.64 X 10-?’kg and a short calculation shows that 

v= 1.86 X 10°m?2 s~? 

If we take the square root of v2 we have found the value 
of the root mean square speed of the molecules. For 
helium it is 1.36X10?m s~'. Alternatively, this is 
approaching 5000 kph (kilometres per hour). The aver- 
age speed of the molecules is about 8% less than the root 
mean square speed, so the average speed of a helium 
atom at 25°C is approximately 1.25 x 10’ms7!. 

Of course, it is one thing to calculate the speeds of gas 
molecules from theory, quite another to measure them 
by experiment. One type of experiment that does just 
this was performed by Zartman in 1931 (although he 
was not the first to think of the method). A diagram of 
his apparatus is shown in Figure 35.2. 

Zartman evaporated bismuth by placing a small 
amount of the element into a specially designed oven at 
over 800°C. Some of the bismuth atoms were able to 
escape through a small slit. The second slit ensured that 
the atoms were travelling in one direction. In front of the 
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Figure 35.2 Zartman’s apparatus for determining molecular 
velocities. Bismuth atoms escaped from the oven through a 
series of narrow slits (the one in the cylinder was 0.05mm). 
The atoms sped across the cylinder and were deposited on 
the glass plate. Afterwards the plate was removed and the 
darkening caused by the bismuth atoms was measured. The 
whole apparatus was kept in a vacuum. It took up to 22 hours 
for sufficient bismuth to build up on the plate 

Oven containing 
bismuth 

beam was a rotating drum, which also had a small slit in 
it. Once in every revolution the three slits were lined up, 
so bismuth atoms could enter the drum. You might like 
to look at Figure 35.3 to help you understand the next 

Rotation 
of drum 

Slow ~~ ~ ~\ ~\ 
Oo > Oo PS Oo 8 

Fast 

(a) 

Direction of 
rotation 

Slowest 
atoms arrive 

\ here 

eee Average 

speed here 

e 

Only the very 
fastest reach 

Steam of here 
atoms from 
oven (b) 

Figure 35.3 In Zartman’s experiment, atoms (or molecules) 
travelling with different speeds arrive at different places on 
the inside of the revolving drum. (a) Two atoms, one moving 
slowly and one moving faster, enter the rotating drum at the ° 
same time. The faster one hits the other side of the drum 
before the slower one. In this way the place where the atoms 
hit the drum is related to the speed of the atoms. (b) For a 
stream of atoms, a distribution is obtained on the inside of the 

drum 
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Figure 35.4 The distribution of speeds among gaseous 
bismuth atoms 

stage. If you imagine yourself to be an atom moving very 
quickly through the slit in the drum, you would see the 
far surface of the drum moving clockwise (as we have 
drawn it). You would hit the surface at a point not quite 
opposite the slit. However, if you were an atom with a 
much slower speed, you would see the drum move a 
considerable distance before you collided with the far 
surface. 

If the drum is kept rotating at a constant speed, you 
should realise that where an atom (or molecule) hits the 
inside of the drum depends on the atom’s (or mol- 
ecule’s) speed. By measuring the degree of darkening of 
the surface (which was made of glass), it is possible to 
estimate the number of atoms (or molecules) that enter 
the drum with a particular speed. 

A graph of the number of bismuth atoms plotted 
against their speed is shown in Figure 35.4. This graph 
shows us the distribution of the speeds (or velocities) of 
the atoms. Notice that the distribution is not symmetri- 
cal. There is a longer ‘tail’ at lower speeds than at higher 
speeds. The shape of this distribution had been worked 
out many years before by James Clerk Maxwell in 1860. 
For this reason we speak about a Maxwellian distribution 
of speeds (or velocities). 

In a later unit you will find that a knowledge of the 
Maxwellian distribution is very helpful in explaining the 
rates of chemical reactions. 

35.2 Write a computer program that will allow you to 
calculate the root mean square speed and the aver- 
age speed of a, molecule in any gas (assuming it is 
ideal). Your program should ask the user to type in 
the molecular mass (in grams) of the gas and the 
temperature. (Watch out for people who use °C, and 
who try to use unrealistic values.) 

35.3 The formula for the Maxwellian speed distribu- 
tion, D(v), is 

4nMe?y? (- aa 
2RT 2RT, 

Here M is the mass of 1 mol of the gas (expressed in 
kg). Again, use a computer to calculate values of D(v) 

D(v) = 

and plot them against v. Try plotting the distribution at 
various temperatures. 

35.4 Figure 35.5 is a diagram taken from Zartman’s 
research paper. The vertical axis gives the intensity of 
the deposit of atoms on the inside of the revolving 
drum. The horizontal axis gives the speed of the 
atoms hitting the drum. His scale ran from a speed of 
around 170m s~' to 700m st. 

Intensity 
of darkening 
of plate 

Figure 35.5 Diagram for question 35.4. Curve 1 was found 
using a speed of rotation of 120.7 rps (revolutions per 
second) and curve 2 at 241.4rps. (Adapted from: Zartman, 
I. F. (1931). Phys. Rev. 37, 383-97) 

Should the high speed be on the left of the axis or 
the right? 

35.5 Kinetic theory and Avogadro’s 
theory 

In the following unit we shall find that Avogadro’s 
theory (equal volumes of gases contain equal numbers of 
molecules) was based on Gay-Lussac’s experimental 
evidence. Here we can show that his theory is correct. If 
we have equal volumes of two gases, A and B, at the 
same temperature, they must be in equilibrium with 
each other. Their pressures will be the same, so we can 
put 

1 aoe ar 
ZN AMyVi = 3NeMpVh 

But also, because they are at the same temperature, the 
average kinetic energies of their molecules must be the 
same, i.e. 

ee. oe ee 
IM AVR = 2MpVR 

Putting the two equations together, we must have 
N,= Nj. That is, we have shown that, under the same 
conditions of temperature and pressure, equal volumes 
of all gases contain the same number of molecules. 
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Answers 

35.1 (i) It increases. 

(ii) As the speed increases, the momentum of the 
particles increases as well. Therefore the force of the 
collisions on any given area of the walls increases. We 
observe the effect as an increase in pressure. 

(iii) The pressure doubles. 

(iv) Halving the volume will double the number of colli- 
sions of the particles with the walls of the container. (The 
particles travelling across the container have a shorter 
distance to travel before they reach a wall.) Hence the 
pressure doubles. 

35.2 Some values that you might have discovered are 
shown in Table 35.2. 

Table 35.2. Root mean square and average 
speeds of some gases at 298 K 

1 
Gas Root mean square Average speed/m s~ 

speed/m s ' 

NL PSMO- 
1.25x107 
0.56X10? 
0.47 X10? 
0.44x 10? 
0.38107 

Hydrogen 1.9210? 
Helium 1.36X10? 
Neon 0.61x10? 
Nitrogen 0.5110? 
Oxygen 0.48 x 10? 
Carbon dioxide 0.41 x10? 

35.3 Your graphs should look like those in Figure 35.6. 

Notice that the curves spread out further to the right at 

Number of 
atoms with a 
iV . 

given speed ‘Low’ temperature 

Much higher 
temperature 

Speed 

Figure 35.6 How the distribution of molecular 
speeds changes with temperature 

high temperatures. As we should expect, there are more 

molecules with higher energies at higher temperatures. 
At the same time, the height of the curve decreases. 

This must occur because the area under the curve gives 

the total number of atoms, which remains constant. The 

more the curve stretches, the lower the height. You will 

find out more about this in Unit 78. 

35.4 The high speed is on the left of the scale and the 
low speed on the right. The distribution of molecular 

velocities tails off more sharply on the high speed side. 

Actually the distribution is not for pure bismuth atoms but 
a mixture containing 40% bismuth atoms, Bi, and 60% 

bismuth molecules, Bi. 

UNIT 35 SUMMARY 

ee 

@ The kinetic theory of gases says that: 
(i) Gas pressure reflects the collisions of 

molecules with the walls of the container, and 
the transfer of momentum to the walls. 

(ii) The temperature of a gas is determined by the 
average kinetic energy of the molecules. 
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@ The spread of energies among gas molecules can be 
measured by Zartman’s rotating drum method. 

e The distribution of molecular velocities shows that 
most molecules have energies near the average, 
with some molecules having energies consider- 
ably greater and smaller than the average. 



36 
Chemistry and gases 

36.1 Gay-Lussac’s law of combining 
volumes 

Here is an extract from a scientific paper written by 
Joseph Louis Gay-Lussac in 1808: 

At least, it is my intention to make known some new 
properties in gases, the effects of which are regular, by 
showing that these substances combine amongst them- 
selves in very simple proportions, and that the contrac- 
tion of volume which they experience on combination 
also follows a regular law. | hope by this means to give a 
proof of an idea advanced by several very distinguished. 
chemists — that we are perhaps not far removed from the 
time when we shall be able to submit the bulk of chemi- 
cal phenomena to calculation.... Gases, ... in 
whatever proportions they may combine, always give 
rise to compounds whose elements by volume are 
multiples of each other. 

In this passage Gay-Lussac announced the law that is 
now known as Gay-Lussac’s law of combining volumes. In a 
more exact way the law is: 

When gases combine together they do so in 
volumes that are in a simple whole number 
ratio to each other and to that of the product 
(if it is a gas). 

It is assumed that the gas volumes are measured at the 
same temperature and pressure. 

Gay-Lussac was also correct about the results of his 
experiments leading to the time when it became possible 
to predict not just what would be made in a chemical 
reaction, but how much would be made. However, even 
as great a chemist as Dalton was not entirely convinced 
that Gay-Lussac was correct. In 1810 Dalton wrote: 

... The truth is, | believe, that gases do not unite in equal 
or exact measures in any one instance; when they 
appear to do so, it is owing to the inaccuracy of our 
experiments. : 

However, Dalton pointed out that: 

In fact, his [Gay-Lussac’s] notion of measures is analo- 

gous to mine of atoms; and if it could be proved that all 
elastic fluids [gases] have the same number of atoms in 
the same volume, or numbers that are as 1, 2, 3, etc. the 

two hypotheses would be the same, except that mine is 
universal, and his applies only to elastic fluids. 

It is clear that Dalton saw a link between Gay-Lussac’s 
work on volumes of gases and his own idea that all 
chemicals were built from individual atoms. Dalton was 
also claiming that his ideas were the more powerful of 
the two. (This is not uncommon among scientists, as it is 
with people in general; everyone likes to think that her- 
self or himself is right.) 

36.1 Gay-Lussac reported the following results: 

We may then admit the following numbers for the 
proportions by volume of the compounds of nitrogen 
with oxygen: 

Nitrogen Oxygen 

Nitrous oxide 100 50 
Nitrous gas 100 100 
Nitric acid 100 200 

By looking at the proportions in which the two 
gases combined, see if you can work out the formulae 
of the gases that Gay-Lussac made. Remember that 
the names used when he was alive might not carry 
the same meaning as now. 

36.2 Avogadro’s theory 

The idea that equal volumes of gases might contain equal 
numbers of atoms was given by Amadeo Avogadro in 
1811. He made more exact the connection between gas 
volumes and atoms. The title of Avogadro’s paper was 
“Essay on a manner of determining the relative masses of 
the elementary molecules of bodies, and the proportions 
in which they enter into these compounds’. He said: 

It must then be admitted that very simple relations also 
exist between the volumes of gaseous substances and 
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the numbers of simple or compound molecules which 
form them. The first hypothesis to present itself in this 
connection, and apparently even the only admissible 
One, is the supposition that the number of integral mol- 
ecules in any gases is always the same for equal 
volumes, or always proportional to the volumes. 

The thing to notice about this passage is Avogadro’s use 
of the term molecule. In his writing he tended to use this 
word in a variety of different senses, but he certainly 
used it at times in the same way that we do now. The 
leap in imagination that Avogadro had made was to 
realise that a single atom was not necessarily the basic 
building block of gases: 

... We Suppose . . . that the constituent molecules of any 
simple gas whatever ... are not formed of a solitary 
elementary molecule, but are made up of a certain num- 
ber of these molecules united by attraction to form a 
single one. 

In this passage he uses the term ‘elementary molecule’ to 
mean a single atom. His ‘compound molecule’ is two or 
more atoms joined together. 

Let us see how Avogadro’s and Gay-Lussac’s ideas 
work out in our modern language of chemistry. The 
results of Gay-Lussac’s investigations had shown that 
hydrogen and chlorine gas reacted in the ratio of one 
volume of hydrogen to one volume of chlorine to give 
two volumes of hydrogen chloride: 

hydrogen + chlorine — hydrogen chloride 
1 vol 1 vol 2 vols 

If, as was originally thought, the smallest part of each of 
these gases was one atom, and if, as Dalton wondered, 
gases ‘have the same number of atoms in the same 
volume’, then we should have 

hydrogen + chlorine — hydrogen chloride 
1 atom 1 atom 2 atoms 

We can ask how it is possible to get only one atom of 
hydrogen chloride, and the answer is 

hydrogen + chlorine — hydrogen chloride 
1/2 atom 1/2 atom 1 atom 

But one of the key assumptions of the atomic theory was 
(and is) that fractions of atoms cannot exist. It was 
Avogadro who saw the way round the problem. In effect 
his suggestion was that the smallest part of each of the 
gases was a molecule; and the molecules were made out 
of atoms joined together. This allows us to write the 
reaction in a way that might be familiar to you: 

hydrogen + chlorine — hydrogen chloride 
1 vol 1 vol 2 vols 

EGG) © MCUs)! 2 HCl(g) 

Now we can say that one molecule of hydrogen will be 
made from half molecules, i.e. atoms, of hydrogen and 
chlorine. If this seems obvious, please do appreciate that 
it was not always so. 

In its modern version, Avogadro’s theory says that: 
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Under the same conditions of temperature 
and pressure, equal volumes of all gases 
contain the same number of molecules. 

The Avogadro constant L is our measure of the number of 
particles in each mole of a gas. Its value is approximately 
6.02 X 107? mol~!. Notice the units of L. It is not a pure 
number, although you may find books call it the ‘Avo- 
gadro number’. You will find the definition of the Avo- 
gadro constant in Unit 37. 

36.2 Avogadro made the following observations: 

100 parts of muriatic gas saturate precisely 100 parts 
of ammonia gas, and the salt which is formed from 
them is perfectly neutral, whether one or the other 
gases is in excess. 

(i) What might be the modern name of muriatic gas? 

(ii) Avogadro also mentioned that ‘. . . muriatic gas is 
formed by the combination of equal volumes of 
oxymuriatic gas and hydrogen, and that its volume is 
equal to their sum’ and that on reacting ‘muriatic gas’ 
with oxygen, the product was ‘oxygenated muriatic 
acid’. Can you work out what the modern name of 
oxymuriatic gas is, and write down the equation for 
the reaction? 

36.3 Dalton’s law of partial 
pressures 

John Dalton was a busy man; not only did he invent the 
atomic theory, but he made several contributions to the 
understanding of the behaviour of gases. Not the least of 
these was his law of partial pressures, which he proposed 
in 1802. It says that: 

The total pressure exerted by a mixture of 
gases is the sum of the pressures that the 
individual gases would exert if they were to 
occupy the same volume alone. 

{n symbols, for a mixture of gases A and B, the total 
PIeSSUTE Pyora1 IS given by 

Prot = Pa + Dp Dalton’s law of partial pressures 

This law is not obeyed by all mixtures of gases, but it is 
often a very good approximation. In the last unit we saw 
how this law could be explained by the kinetic theory of 
gases. 

36.4 Graham’s law of diffusion 

In your laboratory you may find a small jar called a 
porous pot. It is made of a clay-like material, which has 



millions of tiny channels through it. If you were to put 
water in it you would see the outside become damp, but 
the water would not pour through in large amounts. 
Likewise, if you were to put oxygen in the jar (and close 
it with a lid) the oxygen would escape, but over a period 
of time. The movement of the molecules through the 
channels in the pot is called diffusion. A similar effect 
takes place if oxygen is trapped in a gas jar closed with a 
piece of card. If a pin hole were made in the card the 
oxygen would gradually escape. The movement of a gas 
through a small hole is sometimes called effusion, but we 
shall continue to call it diffusion. If a gas is allowed to 
pour out all at once from a container, mass (or bulk) 
flow takes place. This is quite different to diffusion. 

In 1829 Thomas Graham published ‘A short account 
of experimental researches on the diffusion of gases 
through each other and their separation by mechanical 
means’. He filled tubes like those shown in Figure 36.1 

Figure 36.1 The type of tube used by Graham to investigate 
diffusion 

Gas syringe 

Gas under test 

Aluminium foil with 

Figure 36.2 One way of measuring the rate of diffusion 
of agas 

with a measured amount of various gases. After leaving 
them for 10 hours he determined the amount of gas left. 
He said: 

It is evident that the diffusiveness of the gases is inver- 
sely as some function of their density — apparently the 
square root of their density. 

This is Graham's law; in symbols it says that 

ft aha; 

density of the gas law 

If we compare two gases, A and B, 

rate for gas A___/density of B 

rate for gas B density of A 

We can put this in a different way by realising that den- 
sity is proportional to relative molecular mass. This gives 
us 

rate of diffusion 
of a gas 

rateforgasA_ /Ms 

rate for gas B Ma 

The importance of this result was realised by Graham. 
In the title to his publication he referred to the separation 
of gases. The idea is that if a mixture of gases is allowed 
to diffuse through a barrier, then the lighter gases will 
escape from the mixture more rapidly than the heavier 
ones. This fact has been used in the separation of the 
isotopes 73§U and 733U. The isotope 23U is the one that 
was the basis of the first atomic bombs. To separate this 
isotope from the very much more abundant 728U 
(roughly 1% compared to 99%), the uranium was con- 
verted to gaseous uranium hexafluoride. The difference 
in rates of diffusion of ??°UF, and #?°UF, is small, but 
after many diffusion cycles, the ?**UF, can be separated. 

36.3. Another way of performing Graham’s experi- 
ments is shown in Figure 36.2. A gas syringe is filled 
with a gas. The nozzle of the syringe should be cap- 
ped with a thin piece of metal foil with a tiny pin hole in 
it through which the gas can escape. It took 120s for 

Hydrogen 

Porous pot 

Figure 36.3 The diagram for question 36.5 
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100cm? of oxygen to diffuse through the hole. 
100 cm of another gas took 170s. 

(i) What was the molecular mass of the second gas? 

(ii) Can you suggest the name of the gas? 

36.4 Why do you think Graham used two types of 
tube, one with the outlet pointing upwards, the other 
downwards? 

Answers 

36.1. The ratio of nitrogen molecules to oxygen mol- 
ecules in the equations is the same ratio as their react- 
ing volumes. The data he gives fit the equations 

2N,(g) + O2(g) > 2 N,0(g) 
‘nitrous oxide’ (dinitrogen oxide) 

N2(g) + O.(g)—> 2 NO(g) 
‘nitrous gas’ (nitrogen monoxide) 

N2(g) + 2 0,(g) > 2 NO,(g) 
‘nitric acid’ (nitrogen dioxide) 

The latter gives nitric acid when dissolved in water. 

36.2 (i) Hydrogen chloride is the gas, and gives 
ammonium chloride with ammonia. 

(ii) The gas is chlorine, the name first given to it by Sir 
Humphrey Davy. The reaction is 

Clg) + H(g) — 2HCI(g) 
1 vol 1 vol 2vols 

36.3 We have 

100 cm? 
120s 

100 cm? 
fr os rat€o, = 

Therefore, 

rate of diffusion of oxygen 170s 

rate of diffusionofgas 120s 
fe molecular mass of gas 

molecular mass of oxygen 

36.5 Look at Figure 36.3. Why does the water rush 
out of the open end of the tube? 

36.6 What is the relative rate of diffusion of ?°°UF, 
and *8°UF,? (The relative atomic masses are: 
A,(235U) = 235; A,(23°U) = 238; A,(F) = 19.) 

This means that 

Megas _ ie FE 

BOON 20 

which gives M,,,= 64.2. The likely suspect is sulphur 
dioxide, SO. 

36.4 Gases that were less dense than air were placed 
in the tube with the spout pointing downwards, and vice 
versa. This was to stop mass flow of the gases. Mass 
flow occurs, for example, if you have a gas jar full of 
carbon dioxide and you tip the jar up so the gas flows out 
all at once. 

36.5 Hydrogen has the smallest molecular mass of the 
gases. Therefore it diffuses very quickly. In this case it 
diffuses into the porous pot much faster than oxygen or 
nitrogen molecules in the air can diffuse out. This 
increases the pressure in the pot, which in turn pushes 
the water out of the tube. 

36.6 M,(?°UF,) =349; M,(?°8UF,)=352. Thus the 
relative rates are 

rate for SUF, [352 
rate for 8UF, 349 

which gives a ratio of 1 to 1.004. 

UNIT 36 SUMMARY 

@ Gay-—Lussac’s law of combining volumes says that: 
When gases combine together they do so in 
volumes that are in a simple whole number ratio to 
each other and to the product (if it is a gas). 

e@ Avogadro’s theory is: 
Under the same conditions of temperature and 
pressure, equal volumes of all gases contain the 
same number of molecules. 

@ Dalton’s law of partial pressures is: 
The total pressure exerted by a mixture of gases is 
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the sum of the pressures that the individual gases 
would exert if they were to occupy the same 
volume alone; OF Protai = Pa + Pr- 

@ Graham’s law of diffusion is: 
The rate of diffusion of a gas is inversely 
proportional to the square root of its density; or 

/ 1 

density of the gas 
rate of diffusion , 

of a gas 



37 
The mole 

37.1 What is the mole? 

The mole is a chemist’s measure of the amount of sub- 
stance. It is defined according to the number of particles 
that the substance contains. In particular, we use the 
definition: 

One mole of a chemical species contains the 
| same number of particles as there are atoms in 
12g of the isotope carbon-12 (%C). 

It follows that if we have 12 g of carbon-12 then we must 
have one mole, 1 mol, of it. Experiment shows that the 
number of atoms in 12 g of carbon-12 is approximately 
6.022 X 107’. This is the number of particles per mole of 
carbon- 12, and it gives us our definition of the Avogadro 
constant, L, 1.e. 

/ 1 =6.022 x 10”? mol! 

Notice that the constant has units mol™!. 
Using the Avogadro constant we can calculate the 

number of atoms in any quantity of carbon-12. For 
example, the number of atoms in 3 mol of carbon-12 
is 6.022 x 107? mol”! X 3 mol= 18.066 X 107’. (Be sure 
you spot the way the units are used, and finally cancel. 
A pure number has no units.) 

Owing to the way we have defined the mole, in 3 mol 
of atoms of any element there would be 18.066 x 107? 
atoms. Notice that we have said 3 mol of atoms of any 
element. Some elements, such as hydrogen and 
chlorine, exist as diatomic molecules. If we had 3 mol of 
hydrogen molecules, H,, we would have 6mol of 
atoms. 

Let us imagine that we had | mol of hydrogen atoms, 
and 1 mol of carbon-12 atoms..There would be an equal 
number (6.022 x 107?) of each of them. However, 
measurements made by mass spectrometry show that an 
atom of hydrogen has approximately 1/12 the mass ofan 
atom of carbon-12. It should be clear to you that this 
means that, for example, 100 atoms of hydrogen have 

1/12 the mass of 100 atoms of carbon-12. Similarly, 
6.022 X 107? atoms of hydrogen will have 1/12 the mass 
of 6.022 x 107? atoms of carbon-12. Remembering that 
this number of atoms represents 1 mol of substance, we 
can say that 

1 mol of hydrogen atoms has 1/12 the mass of 1 mol 
of carbon-12 atoms 

i.e. 1mol of hydrogen atoms has a mass of 12¢ 
xDD Sag. 

If necessary we could go through the same method of 
working to establish that 1 mol of oxygen atoms has a 
mass of 16g, 1 mol of sodium atoms has a mass of 23 g, 
and so on. 

In practice it is easier to use the information in a table 
of relative atomic masses (see Unit 3) to find the mass of 
1 mol of atoms of an element. The relative atomic mass, 
A,, tells us how the mass of one atom of an element 

compares with the mass of one atom of carbon-12 
(taken as exactly 12 units). For example, A,(H)=1, 
A,(O) = 16, A,(Na) = 23. However, we have already said 
that the masses of 1 mol of atoms of each of these ele- 
ments are 1g, 16g and 23g, respectively. The recipe is 
simple: to find the mass of 1 mol of atoms of an element, 
express the relative atomic mass in grams. If we wish, we 
can draw up a table of molar masses. The molar mass is 
the mass in grams per mole of the element; its units are 
g mol-'. (Strictly in the SI system the units should be 
kg mol~'; however chemists often prefer to work in 
terms of grams.) Table 37.1 lists some of the more com- 
mon molar masses you might need to use. The symbol M 
is used to stand for a molar mass. For example, in the 
case of calcium, M(Ca) = 40 g mol’. (Notice that there is 
no subscript on the M. The relative molecular mass of a 
substance has the symbol M,; see Unit 3.) 

In some cases it may not be clear what the name of the 
chemical refers to. For example, suppose we were asked 
to find the mass of 1 mol of sulphur. As it stands we do 
not know if this means 1 mol of sulphur atoms, S, or 
1 mol of S, molecules. It is always best to state the for- 
mula as well as the name of the substance if there might 
be any doubt. 
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Table 37.1. The masses of 1 mol of atoms of some 

elements* 

Element Molar mass Element Molar mass 
/g mol ' /g mol"? 

Hydrogen 1 Sodium 23 
Carbon 12 Magnesium 24 
Nitrogen 14 Potassium 39 
Oxygen 16 Calcium 40 
Phosphorus Bil Copper 64 
Sulphur 32 Zinc 65 
Chlorine By5yus) Silver 108 
Iodine WAY) Lead 207 

*Apart from chlorine, the values have been rounded to the 
nearest whole number 

37.1. How many atoms would there be in (i) 0.5 mol 
of sodium, Na; (ii) 2mol of magnesium, Mg; (iii) 5 mol 
of neon gas, Ne; (iv) 0.001 mol of copper, Cu? 

37.2 What is the total number of moles of atoms 
(of all elements) in the following: (i) 1 mol of nitro- 
gen dioxide, NO,; (ii) 3mol of calcium sulphate, 
CaSO,,; (iii) 1mol of copper(il) sulphate crystals, 
CuSO,°5H,O; (iv) 0.25 mol of phosphorus trichloride, 
PCl,? 

37.3. Why is the accurate molar mass of many ele- 
ments not a whole number? 

37.2. How to work with moles of 

compounds 

The formula of water, H,O, says that 1 mol of water 
contains 2 mol of hydrogen atoms and 1 mol of oxygen 
atoms. Similarly, to write the formula of ammonia as 
NH, tells us the molar composition of the gas: 1 mol of 
ammonia contains | mol of nitrogen atoms and 3 mol of 
hydrogen atoms. 

Once we have established the number of moles of each 
element present in a covalent substance like water or 
ammonia, we can work out its molar mass. For water, 

M(H,O) =2 Xx M(H) +1 x M(O) 
=2X1gmol'!+ 16gmol"!=18g mol"! 

Therefore, 

mass of 1 mol of water= 18g mol”' X 1 mol= 18g 

This short piece of working shows how we can discover 
the mass of 1 mol of water while keeping track of the 
units of the quantities involved. However, for substances 
with fairly simple formulae you should be able to do the 
working in your head. For example, ammonia, NH;, has 
M(NH,) = 17g mol"!, and the mass of 1 mol of ammonia 
IS ee: 
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When we have an ionic compound we should be care- 
ful about the names we give to the particles present. For 
example, to write the formula of the ionic salt sodium 
chloride as NaCl means that 1 mol of the salt contains 
1 mol of sodium ions, Na*, and 1 mol of chloride ions, 
Cl-. However, because the mass of an ion is not appreci- 

ably different from that of its parent atom, we have 

M(NaCl) = M(Na) + M(Cl) 
= 23g mol !+35.5g mol"'=58.5g mol 

Alternatively we can say that the mass of 1 mol of 
sodium chloride is 58.5 g. 

If we know the mass of an,element or compound and 
its molar mass, we can calculate the number of moles 
present. For example, if we have 9g of water, and we 
know that M(H,O)=18g mol”', then we must have 
0.5 mol of water. 

In general, 

number of moles _ mass of substance 
of a substance its molar mass 

Here is another example. A bottle contains 6g of 
magnesium ribbon; how many moles of magnesium are 
present? We have 

number of moles _ mass of magnesium 

of magnesium | M(Mg) 

37.4 What is the mass of (i) 2mol of calcium, Ca; 
(ii) 1 mol of phosphine, PH,; (iii) 3mol of magnesium 
oxide, MgO; (iv) 0.25 mol of silver nitrate, AgNO? 

37.5 Work out the number of moles in each of the 
following: (i) 2g of methane, CH,,; (ii) 140 g of calcium 
oxide, CaO; (iii) 3.31g lead(il) nitrate, Pb(NO3).; 
(iv) 25g of copper(!!) sulphate crystals, CuSO,-5H,O. 

37.3 Moles and equations 

A chemical equation is an extremely useful way of sum- 
marising a lot of information. The equation should show 
the amount of each substance involved in the reaction, 
and its state. Here are some examples. In each case the 
equation has been written in symbols first, and then in 
words. 

(i) 2H,(g) + O2(g) > 2H,0(g) 
2 mol of hydrogen molecules react with 1 mol of: 
oxygen molecules to give 2mol of water mol- 
ecules, all in the gaseous state. 

(ii) H* (aq) +OH (aq) > H,O(1) 

1 mol of hydrogen ions dissolved in water react 



with 1 mol of hydroxide ions dissolved in water to 
give 1 mol of liquid water. 

(iii) Zn(s) +2H* (aq) > Zn?* (aq) + H,(g) 

1 mol of solid zinc will react with 2 mol of hydro- 
gen ions dissolved in water to give 1 mol of zinc 
ions dissolved in water and | mol of hydrogen gas. 

37.6 Write down in words the information given by 
these equations: 

(i) CuO(s) + H(g)—> Cu(s) + H,O0(g) 

(ii) 2Cu(NO3)2(s) > 2CuQ(s) + 4NO,(g) + O.(g) 

37.4 Moles and balancing equations 

One of the most important chemical laws is the law of 
conservation of mass. Essentially it says that: 

_ The total mass of the products in a reaction 
must be the same as the total mass of the 

reactants. 

Another way of stating the law is to say that there must 
be the same number of atoms at the end of the reaction 
as there were at the beginning. (We ignore changes in 
mass associated with energy changes given by Einstein’s 
equation E = mc?’.) Given that the mole is also a measure 
of the amount of substance, we could also say that the 
law is satisfied if there is no change in the total number 
of moles of atoms of each of the elements during a reac- 
tion. Each of the equations we wrote in the last section 
obeys the law. 

For example, in the reaction between hydrogen and 
oxygen, 

2H,(g) + O2(g) > 2H,0(g) 

On the left-hand side 
2 mol of hydrogen molecules contain 4 mol of hydrogen 
atoms, and | mol of oxygen molecules contains 2 mol of 
oxygen atoms. 
On the right-hand side 
2mol of water molecules contain 4mol of hydrogen 
atoms and 2 mol of oxygen atoms. 

So there is no change in the number of atoms and the 
law of conservation of mass (or moles of particles) is 
obeyed. 

Be sure that you distinguish between atoms and mol- 
ecules. We have just seen that the number of atoms in 
this reaction is conserved, but the number of molecules is 
not conserved. There are 3 mol of molecules at the start 
(2mol of hydrogen, H,, and 1 mol of oxygen, O,), but 
only 2 mol of water molecules, H,O, at the end. The fact 
that numbers of atoms do not change but the numbers of 
molecules can change during a reaction was a source of 
great confusion in the early days of chemistry. 

Now look at the two examples, in which we shall use 
information about the number of moles of reactants and 
products to work out the equation of a reaction. 

Example 1 

4.8g of magnesium were burnt in 3.2 g oxygen gas. 
The magnesium oxide, MgO, produced had a mass 
of 8g. What is the equation for the reaction? 

The oxygen is present as a gas, i.e. O; molecules, 
for which M(O,)=32g mol-'. Also, M(Mg)=24g 
mol~', and M(MgO)=40g mol. Therefore the 
number of moles of each of them is: 

number of moles of __3.2g 
oxygen molecules — 32g mol! = 0.1 mol 

number of moles of __—4.8g 
magnesium ~ 24g mol 
number of moles of _ 8g 
magnesium oxide — 40g mol~' 

=0.2 mol 

= 0.2 mol 

Using these figures we can write the equation as 

0.2Mg(s) + 0.10,(g) — 0.2MgO(s) 

However, it is better to use whole numbers, so we 

scale the figures up by a factor of 10 (by dividing 
through by 0.1): 

2Mg(s) + 10,(g) > 2MgO(s) 

We do not normally write in the number ‘1’, so the 
equation becomes: 

2Mq(s) + O,(g) ~ 2MgO(s) 

Example 2 

It is found that 1.4 g of nitrogen gas, N., and 0.3g of 
hydrogen gas, H., can combine to make 1.7g of 
ammonia, NH,. What is the equation for the 
reaction? 

First we find the number of moles of each gas: 

number of moles. 1.49 _ 

of nitrogen ~ 28g mol" 0.05 mol 

number of moles_ __0.3g 
AE dioce =e Er =0.15mol 

number of moles__—'1.7g 
= 0.1 mol 

of ammonia ~ 17g mol"! 

Now we write the equation using these numbers of 
moles: 

0.05N,(g) + 0.15H,(g) > 0.1NH,(g) 

We can scale the numbers by dividing through by 
the smallest number, 0.05. This gives 

N2(g) + 3H2(g) > 2NH,(g) 

The mole 211 



37.7 0.3g of nitrogen monoxide gas, NO, reacts 
with 0.16 g of oxygen gas, Oz, to give 0.46 g of nitro- 
gen dioxide gas, NO,. What is the equation for the 
reaction? 

37.5 The empirical formula and 
molecular formula of a compound 

We shall now look at two cases showing that, if we 
know the number of atoms in a compound, and its 
molar mass, then we can work out its molecular formula. 
This is the actual formula of the compound. 

For example, the molecular formula of benzene is 
C,H,. This shows us that the molecule contains six car- 
bon atoms and six hydrogen atoms. The molecular for- 
mula of benzene is different to its empirical formula, 

which is CH. 

The empirical formula shows us the simplest 
whole number ratio of the atoms in a 

molecule. 

Here we have used the word ‘molecule’ to refer to the 
simplest unit of a substance. It refers to the smallest unit 
of an ionic substance as much as to a covalent substance. 
Now look at the molecular formula of ethyne, C,H). 

This molecule also has the empirical formula CH. In 
other words, two (or more) molecules can have the same 
empirical formula but different molecular formulae. We 
can work out the molecular formula from the empirical 
formula if we know the relative molecular mass, or 
molar mass, of the substance. The two examples show 
you how this is done. 

Example 3 

A sample placed in a mass spectrometer gave a 
parent ion corresponding to a relative molecular 
mass of 44. Analysis of a sample of the oxide 
showed that 2.2g of it contained 1.4g of nitrogen 
atoms, and 0.8 g of oxygen atoms. The problem is to 
find the molecular formula of the oxide. 

First we work out the number of moles of nitrogen 
and oxygen atoms: 

number of moles of_ 14g) _ 

nitrogen atoms ~ 44g mol 0.1 mol 

number of moles of_ 0.89 __ 

oxygen atoms ~ 46 g mol! = 0.05 mol 

This shows that there is twice as much nitrogen as 
oxygen, i.e. the ratio is 2 mol nitrogen atoms to 1 mol 
oxygen atoms. This ratio gives us the empirical for- 
mula of the compound. In this case it is NO. 

You should not think that we have proved that the 
molecular formula of the oxide is NO. We would get 
exactly the same empirical formula if the molecular 
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formula was N,O3, N,O3, NgO, and so on. However, 
the mass spectrum evidence tells us that the relative 
molecular mass is 44, or the molar mass is 44g 
mol-'. Now we can see which of the possible form- 
ulae for the oxide actually fits this molar mass. Start- 
ing with the simplest formula, NO, we have: 

M(N,O) = 2 x M(N) + M(O) 
= 28g mol-'+ 16g mol-'=44g mol"! 

This fits the observed molar mass, so we have 
proved that the molecular formula is N,O. (This is 
one compound for which the empirical and molecu- 
lar formulae are the same; but for many compounds 
they are different.) 

Example 4 

A chloride of sulphur was found to have a relative 
molecular mass of 135. A 5.4g sample was also 
found to contain 2.84g of chlorine. What is the 
molecular formula of the chloride? 

Before we start the calculation there are two 
things to notice. ‘First, the mass of sulphur is not 
given directly; we are expected to work this out. 
Secondly, the question says it contains 2.84g of 
chlorine. As this is a compound of chlorine, we 
should assume that the mass refers to chlorine 
atoms, Cl, rather than molecules, Cl,. (If the ques- 
tion referred to a mass of chlorine gas, then this 
would be the mass of chlorine molecules.) 

The mass of sulphur in the sample is 
5.4g—2.84g =2.56g. Then, 

number of moles_ 2.56 g 
of sulphur atoms 32g mol"' 

= 0.08 mol 

number of moles_ _—2.84g 
of chlorine atoms 35.5g mol _ 0.08 mol 

Here the ratio is 1 mol of sulphur atoms to 1 mol of 
chlorine atoms, which gives the empirical formula as 
SCI. The molecular formula could be SCI, S,Cl., 
S3Cl3, S,Cl,, etc. To see which fits the molar mass, 
we can work out the molar masses for each of these 
formulae: 

M(SCl) = M(S) + M(Cl) 
= 32g mol-'+35.5g mol"! 
=67.5g mol"! 

This does not match, so we try S,Cl5. 

M(S,Cl,) = M(S) x 2+ M(Cl) x 2 
= 64g mol-'+71.0g mol"! 
= 135g mol"! 

This is consistent with the relative molecular mass 

we are given, so S,Cl, is the correct molecular 
formula. 



37.8 What is the molecular formula of each of the 

substances listed in Table 37.2? 

Table 37.2. Data for question 37.8 

Molar mass Element 

/g mol! 
Substance Mass of 

sample/g 

56 0.452 Calcium 

Oxygen 

Copper 

Oxygen 

Nitrogen . 
Chlorine 

Nitrogen 

Oxygen 

Chlorine 

37.6 Percentage compositions 

If you worked in an analytical laboratory, it is possible 
that part of your job would be to discover the composi- 
tion of new compounds, or to check the composition of 
samples of old ones. Some laboratories specialise in find- 
ing the proportion of each element that a compound 
contains. It is standard practice to report the composition 

as a percentage. For example, an organic acid might 
have its composition recorded as C 40%, H 6.7%, O 
53.3%, and its molar mass found to be 60 g mol !. From 
these data we can work out the empirical formula of the 
compound. Here is a recipe for doing the calculation. 

First, draw up a table like that below with columns for 

Carbon Hydrogen Oxygen 

100 g of com- 
pound contains 40.0¢g 6.7 g D338 

Number of 40.0¢g 6.72 Dae 
moles present 12gmol"' lgmol! 1l6gmol"! 

=3.33mol =6.7mol =3.33mol 

Ratio of 3.33 mol 6.7mol 3.33 mol 
moles 3.33 mol 3.33mol 3.33 mol 

I torstorl 

each element. Then put in the information you are 
given. This has already been done for you in this case. 

Empirical formula CH,O 
Molar mass of one unit of CH,O is 

M(CH,O) = 12g mol"'+ 1g mol"! X2+ 16g mol"! 
=30g mol! 

This does not fit the observed molar mass of 60g mol"!, 
so we try the formula C,H,0O,: 

M(C,H,O,) = 12g mol-'X2+1g mol"! x4 
+ 16g mol"! x2 

=60g mol"! 

This equals the value we are looking for, so the molecu- 
lar formula is C,H,O,. 

The first line is another way of stating the percentage 
composition. In the second we divide by the molar mas- 
ses of the elements to find the number of moles in the 
100 g. Then we find the ratio of the number of moles. 
The simplest way of doing this is by dividing through by 
the smallest number of moles. (We know we are looking 
for a whole number ratio, and 6.7/3.3 is near enough 
to 2.) 

Now we have the empirical formula, and we can work 
out its molar mass using the same approach as in the 
previous section. The final step is to see if it fits with the 
molar mass of the substance. In this case it does not, so 
we try the next simplest formula: C,H,O,. This fits, so we 
have determined the molecular formula. 

There is nothing in the question to tell us which sub- 
stance it is, but you might like to know that it was meant 
to be ethanoic acid, CH,;COOH. The units on organic 
chemistry will show you how we can deduce the struc- 
ture of an organic molecule. 

37.9 Work out the empirical and molecular formulae 
of the substances in Table 37.3. 

Table 37.3. Data for question 37.9 

Molar mass 

/g mol! 
Substance Percentage composition 

56 @ 85-7, 
180 C 40.0 

87 Cl] 81.6 

H 14.3 

H 6.7 

O 18.4 

O23 

The mole 2S 



Answers 

37.1 (i) 6.022 x 107° mol-' x 0.5 mol =3.011 x 1073; 

(ii) 6.022 x 10° mol-' x 2mol = 12.044 x 10”; 
(iii) 6.022 x 1023 mol-' x 5 mol = 30.110 x 1023: 
(iv) 6.022 x 107° mol~' x 0.001 mol = 6.022 x 107°. 

37.2 (i) 3mol; (ii) 18mol; (iii) 21 mol; (iv) 1 mol. 

37.3 Tables of relative atomic masses give the aver- 
age relative masses of the naturally occurring isotopes 
of the elements. Different isotopes have different 
abundances, so the average rarely works out to be a 
whole number. See Unit 29. 

37.4 (i) 40g mol 'x2mol=80g; 

(ii) (31g mol-'+1g mol! x3) x 1 mol=34g; 

(iii) (24g mol-'+ 16g mol') x 3mol= 120g; 

(iv) (108 g mol” ‘414g mol-'+16 g mol7'x3) 
0.25 mol = 42.5g. 

37.5 (i) Teg part 0-125 mol 

(ii) ane -=2.5 mol; 

(ili) qo ee 0.1 mol; 

(iv) Soars 0.1 mol. 

37.6 (i) 1 mol of solid copper(i!) oxide reacts with 1 mol 
of gaseous hydrogen to give 1 mol of solid copper and 
1 mol of water as a gas (steam). 

(ii) 2mol of copper(I!) nitrate crystals decompose to give 
2mol of solid copper(it) oxide, 4 mol of nitrogen dioxide 
gas and 1 mol of oxygen gas. 

37.7 

Number of moles of —-_ 0.3 a 
nitrogen monoxide 30g mol! — ee pe 

Number of moles of___0.16g_ 
oxygen = 39 g mol" = 0.005 mol 

Number of moles of __—— 0.46 2/01 mal 
nitrogen dioxide = 46g mol’ 

Now we write the equation as 

0.01NO(g) + 0.0050,(g) > 0.01NO.(g) 

To scale this we divide through by 0.005: 

2NO(g) + O,(g)— 2NO,(g) 

37.8 

Substance A 

Number of moles _ 0.323 g = 0.008 mol 

of calcium ~ 40g mol"! 

Number of moles_ _0.129g _ 
of oxygen Pqegmase 0.008 mol 

The ratio is 1mol calcium to 1mol oxygen, hence the 
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empirical formula is CaO; and the molecular formula will 
be CaO, Ca,0,, Ca;O3, etc. The correct one is CaO, as 
this has a molar mass of 56g mol". 

Substance B 

Number of moles _—_ 40. Og Sean Cag oh = 0.625 mol 

Number of moles___5.0g__ 0.313 mol 
of oxygen 16g mol' 

The ratio is almost exactly 2mol of copper to 1 mol of 
oxygen, hence we have the empirical formula as Cu,O. 
The molecular formula will be Cu,O, Cu,Oz, etc. The one 
which fits the molar mass is CuO. 

Substance C 

Number of moles _ 0.23 g Sacienn 

of nitrogen 14g mol"! 

Number of moles ___-1.78g_ 
of chlorine ~ 35.59 mol = 0.05 mol 

This ratio is very nearly 1mol of nitrogen to 3mol of 
chlorine, which gives us the empirical formula NCls. The 
possible formulae are et N.Cl,, etc. The molar mass 
fits NCl,. 

Substance D 

The first thing to do here is to calculate the mass of 
chlorine in the sample. This is 1.35g —0.19g—0.21g= 
0.95 g. 

Number of moles _ eit Ah SOA 
of nitrogen 14g mol"' 

Number of moles _ 0.21 g. JS GH ARON 

of oxygen 16g mol 
Number of moles_ _0.95g_ 
of chlorine ~ 35.5g mol 0.027 mol 

These are very nearly in the ratio 1 mol nitrogen atoms 
to 1 mol oxygen atoms to 2 mol chlorine atoms. Thus the 
empirical formula is NOCI,. The molecular formula will 
be NOCI,, N,O.Cl,, etc. NOCI, has a molar mass of 
101g mol ', so this is the correct formula. 

37.9 

Substance E 

Carbon Hydrogen 

100 g of compound 
contains 85.7g 14.3g 

Number of 

moles present 85.79 14.3g 
12g mol” 1g mol” 

=7.14mol = 14.3 mol 

Ratio of moles 7.14mol 14.3 mol 
7.14mol 7.14mol 

1 to 2 



Answers — contd. 

Empirical formula CH. 

Molar mass of one unit of CH, is 

M(CH.) = 12g mol-'+ 1g mol-'x 2=14g mol"' 

This does not fit the observed molar mass of 56g mol’; 
but you might spot that it is 1/4 of the required molar 
mass. This means that the molecular formula is four 
times the empirical formula, i.e. C,Hg. 

You should follow through the same method for the 
other two substances. Here are the answers: 

Substance F 

Empirical formula CH,O, molecular formula C,H,.O.. 

Substance G 

Empirical formula Cl,O, molecular formula Cl,O. 

UNIT 37 SUMMARY 

@ The mole is a chemist’s measure of the amount of 
substance. 

@ One mole (1 mol) of a chemical species contains the 
same number of particles as there are atoms in 12 g 
of the isotope carbon-12 ('2C). 

@e The Avogadro constant L has the 
6.022 X 107? mol"!. 

@ The relative atomic mass of an element, A,, gives the 
ratio of the mass of an atom to the mass of one 
atom of carbon-12 taken as exactly 12 units. A, has 
no units. ; 

@ The relative molecular mass, M,, is defined similarly. 
@ The symbol M is used to stand for the mass of 1 mol of 

value 

any entity, ie. the molar mass. M has units 
gmol-'. Thus 

number of moles mass of substance 
of a substance its molar mass 

@ The law of conservation of mass says that: 
The total mass of the products in a reaction must 
be the same as the total mass of the reactants. 

e@ The empirical formula is the simplest whole number 
ratio of the atoms in a compound. 

@ The molecular formula is the actual formula of a 
compound. 

-The mole 215 



365 
Molar masses of gases and liquids 

38.1 Measuring the molar mass of 
a gas 

Following our work in Unit 36 we know that | mol of a 
gas occupies approximately 24dm’ at room 
temperature and pressure (20°C and latm), or 

22.4dm’ at standard temperature and pressure, s.t.p. 
(0°C and 1 atm). Looking at this in the opposite way, 

we can say that if we had 24dm’ of gas at room 
temperature and pressure, then we would have | mol of 
it, This is the essential idea behind the measurement of 
the molar masses of gases. Opposite is an example that 

uses simple numbers, rather than results that you might 
actually get in an experiment: 

Now let us investigate a real experiment to determine 
the molar mass of a gas (Figure 38.1). There are a num- 
ber of problems that we have to deal with. First, how can 

2 
Flask weighed 

full of gas 

1 
Flask weighed 
empty, i.e. 
full of air 

Figure 38.1 A simple method of determining the molar mass of a gas 
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Example 

A 1dm® flask was weighed empty and then filled 
with chlorine. The flask was found to increase in 
mass by 3g. The measurements were performed at 
room temperature and pressure. What result does 
this give for the molar mass of chlorine? 

The figures tellus that 1dm° of chlorine has a 
mass of 3g at room temperature and pressure. 
Therefore, 24 dm? of chlorine would have a mass 24 
times greater, i.e. 72g. This tells us that the molar 
mass of chlorine is 72g mol-'. The result is not 
accurate (the true result is nearer to 71g mol”), but 
you should be able to see the method of tackling the 
problem. 

3 Measuring cylinder 
Flask filled used to find the 
with water volume of water, 

i.e. volume of 
flask 



we find the volume of the flask that is to contain the gas. 
Secondly, we are unlikely to be able to weigh the flask 
empty: it will have air in it. If we are restricted to using 
simple apparatus, the volume of the flask can be found 
by filling it with water, and then finding the volume of 
water by pouring it into a measuring cylinder. However, 
this is best done as the last task in the experiment. Once 
we know the volume of the flask, we can use data tables 
to discover the density of air under the conditions of the 
experiment. From this we can work out the mass of air 
in the flask. 

Here is a typical set of results using ethane as the gas. 
At room temperature and pressure, 

density of air = 1,205 X1027 6 coe 
mass of flask + air = 58.2622 
mass of flask+ethane =58.285g 
volume of flask = 242.5 cm? 

First, we find the mass of the flask: 

mass of flask = (mass of flask + air) — (mass of air) 

But 

mass of air=density of air X volume of air 

so, 

mass of flask 

= 58.262 g— (1.205 X 10-3. g cm™? X 242.5 cm?) 
= 58.262 g— 0.292 g=57.97¢ 

Now we use this result to give us the mass of ethane: 

mass of ethane 
= (mass of flask + ethane) — (mass of flask) 
= 58.285 g— 57.97 g=0.315¢ 

Therefore the mass of 1 mol of ethane is given by 

24 000 cm? 
= =31.18g 0.315 g xX ————_ 

242.5cm 

and 

M(ethane) = 31.18g mol’ 

In fact the molar mass of ethane is almost exactly 30g 
mol’, so there is an error of nearly 4% in the result. 

38.1 At s.t.p., 250cm*® of a gas had a mass of 
0.36 g. What result does this give for the molar mass 
of the gas? 

38.2 Why is it not a good idea to measure the 
volume of the flask by filling with water at the start of 
the experiment? 

38.3 The experiment we have just described will not 
give a very accurate result, except by chance. This 
question asks you why this is so. 

(i) A most important assumption has been made 
about putting the ethane into the flask. What is it? 
Why will this be a source of error in the experiment? 

(ii) A student was heard to say that as the density of 

air is SO small it is not worth taking the mass of the air 
in the flask into account. Was the student right? To 
help you decide, repeat the calculation, but this time 
ignore the mass of air. 

(iii) Which part of the experiment is a significant 
source of error? 

38.4 Assume that the above experiment was done 
at 18°C and 755mmbhg, i.e. 291K and 100.7 kPa. 
Also, assume that the volume was again 242.5cm‘°. 

(i) Use the ideal gas equation (pV =nRT) to work out 
how many moles of ethane were present. 

(ii) If the mass of ethane in the flask was again 
0.315g, what does the experiment give for the molar 
mass of ethane? 

38.2 Measuring the molar mass of a 
soluble gas 

Some gases, especially hydrogen chloride, sulphur diox- 
ide and ammonia, are very soluble in water. These gases 
can be used in an experiment similar to the one we have 
just described. A flask is weighed empty (i.e. full of air). 
Then the gas is passed into it for around 30s, the tubes 
sealed and the flask and contents reweighed. This time 
one of the tubes leading into the flask is opened under 
water. Owing to the solubility of the gas, the pressure 
inside the flask is reduced and air pressure pushes water 
into it. Once all the gas is dissolved, no more water 
enters the flask. At this point the amount of water that 
entered is measured by pouring it into a measuring 
cylinder. Finally the volume of the whole flask is found 
by filling it completely with water. With these measure- 
ments, and knowing the density of air, the molar mass of 
the gas can be calculated. The method is like that for 
ethane earlier. You should try the next question to con- 
vince yourself that you understand the method. 

38.5 Here is a set of results for sulphur dioxide, 
SO,: 

density of air 
mass of flask + air alone 
mass of flask containing SO, 

and some left-over air = 60.665 g 
volume of water entering the flask = 203.0 cm? 
total volume of flask = 241.4cm% 

= 1.205 x 10-°g cm? 
= 60.3259 

Now answer the following questions. 

(i) What was the total volume of air in the flask (i.e. 
with no SO, added)? 

(ii) What is the mass of this volume of air? 

(iii) What is the mass of the flask without air in it? 
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(iv) What is the mass of the SO, and left-over air 
when they were both together in the flask? 

(v) What is the volume of SO, used? 

(vi) What volume of air was left over in the flask? 

(vii) What is the mass of this volume of air? 

(viii) From your answers to (iv) and (vii), calculate the 
mass of SO, in the flask. 

(ix) Now you know both the volume of SO, and its 
mass, calculate its molar mass. Assume 1 mol of gas 
occupies 24dm° under the conditions of the 
experiment. 

(x) The true molar mass of the gas is 64g mol~'. Why 
is it very common for the result of this type of experi- 
ment to give an overestimate of the molar mass? 

38.6 Why does water not completely fill the flask 
during the experiment? 

38.7 Why is it necessary to dry the flask and tubing 
thoroughly before they are used? What effect will the 
use of a damp flask have on the calculated molar 
mass? 

38.8 Some gases do not give accurate results for 
their molar masses even if great care is taken over 
the experiment. Ammonia is an example. Why might 
this be so? (Hint: see Unit 20.) 

38.3 Measuring the molar mass of a 
volatile liquid 

In this case we take a known mass of the liquid, vaporise 
it and then measure the volume it takes up. Once we 
know both its mass and volume, and if we assume the 
vapour behaves as an ideal gas, we can work out its 
molar mass. The method that we shall use is one you 
may see for yourself in the laboratory. The major pieces 
of apparatus are a gas syringe and a heated container 
into which it fits (Figure 38.2). 

The nozzle of the gas syringe is covered with a rubber 
cap (a septum), and the gas syringe is put in the steam 
jacket. Once the reading on the gas syringe shows no 
further change, a sample of the liquid, in this case 
ethoxyethane (ether), is taken up into a small syringe. 
The small syringe is weighed and the ethoxyethane is 
injected into the gas syringe. Then the small syringe is 
immediately reweighed. Once the ethoxyethane is in the 
gas syringe, the liquid quickly vaporises and the plunger 
is driven outwards. Eventually equilibrium is achieved 
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Oven — : Small syringe containing 
heated electrically the volatile liquid 
or by steam 

Gas 
syringe 

Rubber 
septum 

Vapour of liquid 

Figure 38.2 One method of measuring the volume given by a 
volatile liquid using a gas syringe and oven 

and there is no further change in the volume recorded on 
the syringe. Provided the temperature of the steam jacket 
and the atmospheric pressure are known, we can Cal- 
culate the molar mass. 

Here are some sample readings: 

mass of syringe and ethoxyethane 
before injection into gas syringe = 20.476g 

mass of syringe and ethoxyethane 
after injection into gas syringe =20.252¢ 

initial reading on gas syringe = 1.4cm? 

final reading on gas syringe =96.8cm?’ 
temperature of steam jacket = 99.6°C =372.6K 
atmospheric pressure = 758 mmHg = 101.1 kPa 

From these results we have 

mass of ethoxyethane used = 0.224 g 
volume of the vapour = 95.4cm? = 95.4 X 107° m? 

We can use the ideal gas equation to work out the num- 
ber of moles, n, of ethoxyethane that this volume 
represents. We have 

pV=nkRT 

or 

_ pV_ 101.1 X 10? PaX 95.4 X 107° m? 
RT Sel A hed mOle+ <oi72.Olk 

=(.003 mol 

Therefore, 

0.224 
molar mass = 0.003 mol =74.7g mol"! 

The formula of ethoxyethane is (C,H,),0, so its true 
molar mass is 74g mol~'!. It is quite common for results 
in this experiment to overestimate molar masses. To 
understand why, try question 38.9. 



38.9 The above experiment only works with liquids 
that are highly volatile, i.e. those which evaporate 

: Displaced air 
easily. collects here 

(i) What can happen to the amount of liquid in the 
small syringe once it has been weighed for the first 
time? 

(ii) How will the mass of liquid injected into the gas 
syringe compare with the mass put in the syringe 
initially? 

(iii) How, and why, does this affect the calculation? 

38.10 Figure 38.3 shows you a diagram of a Victor 
Meyer apparatus. Victor Meyer was one of the people 
who developed a method of measuring the molar 
mass of a volatile liquid. 

Look carefully at the diagram and the labels. Your 
task is to explain how you think the apparatus was 
used. (Try to imagine that it was set up on the 
laboratory bench in front of you. Actually it is quite 
possible that your school or college has a Victor 
Meyer apparatus.) Although it looks quite different to 
the gas syringe arrangement, the essence of the two 
methods is the same. 

Expansion bulb 

Vapour 

Figure 38.3 Victor Meyer’s apparatus for determining the , seg 
molar mass of a volatile liquid. Here we have shown steam co Ce Fe Sand 
being used to vaporise the liquid. For liquids that boil above a & 
100°C, the water can be replaced by, for example, an oil. 

Boiling water 
(The diagram is not to scale) 

Answers 

38.1 250cm? is 0.25dm°*. At s.tp., 1mol of gas 
occupies 22.4dm°, so the mass of 1 mol of this gas is 

22.4dm? 

0.25 dm° 

and the molar mass is 32g mol". 

x 0.36g=32g 

38.2 Once the flask gets wet it will be time consuming 
to dry it. Also, if itis damp, the gas used might dissolve in 
water droplets remaining. This will lead to an error in our 
measurement of the volume of gas in the flask. 

38.3 (i) The problem is, how do we know the flask is 
full of ethane? The answer is, we don’t. The best we can 
do is pass ethane into the flask for between 30s and 
1 min and-hope for the best. This part of the experiment 
should be done in a fume cupboard, of course. 

(ii) The student was wrong. The results we have used 
show that the masses of air and ethane are similar. If we 
ignore the mass of air, the flask will appear to weigh 
58.262g. Then the apparent mass of ethane is 

58.285 g — 58.262g=0.023g, and its molar mass 
becomes 2.3g mol-'. Not a good result! 

(iii) Determining the volume of the flask by measuring 
the volume of water. It is unavoidable that water is left in 

the flask. 

38.4 We have 

_ pV _ 100.7 x 10° Pax 242.5 x 10° m® 
RT 8.314J K-' mol"! x 291K 

= 0.01 mol 

i.e. 0.315g represents 0.01 mol; so the molar mass is 
31.5g mol’. 

38.5 (i) 241.4cm*. 
(ii) The mass is 1.205x107-° g cm™® X 241.4 cm? 
=0.291g. 
(iii) Mass of empty flask = 60.325 g — 0.291 g 
= 60.034 g. 
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Answers — contd. 
(iv) Mass of SO, and left-over air = 60.665 g — 60.034g 

= 0.631 g. 

(v) This equals the volume of water entering the flask, 
203.0 cm®. 

(vi) This is the difference between the total volume and 
the volume of water that took the place of the gas, i.e. 
241.4 cm? — 203.0 cm? = 38.4 cm*. 

(vii) The mass of air is 1.205x10°° g cm *x 
38.4cm* = 0.046 g. 

(viii) Mass of SO, =0.631 g — 0.046 g =0.585g. 

(ix) We know that 203.0 cm? of SO, has a mass 0.585 g. 
Therefore 

0.585 g x 24 000 cm? 

203.0 cm? 

Thus, molar mass = 69.2g mol"’. 

(x) One error is that not all the water is transferred from 
the flask to the measuring cylinder. This underestimates 
the volume of SO, and leads to a higher molar mass. 

mass of 1 mol= =69.2g 

38.6 It is very hard to expel completely all the air from 
the flask. 

38.7 If the flask is damp, the SO, will dissolve in the 
moisture. This will increase the mass of gas in the 
apparatus, but it will add negligible volume. Therefore 

the gas will appear to have a mass much greater than it 
has in reality. The molar mass will be overestimated. 

38.8 We have assumed that the gas is ideal when we 
take 1 mol of it to have a volume of 24dm* at room 
temperature and pressure. Many gases, ammonia 
included, show deviations from ideal behaviour. Often 

these gases consist of polar molecules and/or are cap- 
able of hydrogen bonding. 

38.9 (i) The liquid can evaporate and be lost from the 
syringe nozzle, so the amount of liquid is reduced. 

(ii) The actual mass will be smaller than you think. 

(iii) It increases the value of the molar mass. To see 
why, let us take an impossible example, but one that 
illustrates the working. Suppose that the syringe and 
liquid start out with a mass of 3g and that after injection 

their mass is 1g. We believe that 2g of liquid has been 
injected. However, let us assume that 1 g of liquid actu- 
ally evaporated before the injection took place. There- 
fore the actual mass injected was only 1g. If the gas 
occupied 100cm* at room temperature and pressure, 
we would calculate the molar mass to be 

2g mol"! x 24 000 cm?/100 cm? = 480 g mol! 

(We have already said that the numbers are not very 
likely!) Its true value should be 

1g mol! x 24 000 cm?/100 cm? = 240 g mol"! 

half the experimental result. 

38.10 The liquid in the outer jacket is boiled. This liquid 
could be water, but it could be one with a much higher 
boiling point. This causes the air inside the apparatus to 
expand. The bubbles of air are allowed to escape out of 
the delivery tube at the top. Now the small glass tube is 
weighed empty, and then full of the liquid under test. It is 
put in the top of the main tube and the stopper replaced. 
The apparatus is left for a few minutes until equilibrium is 
established. Signs that this is achieved are when the 
thermometer reading remains unchanged, and no more 
bubbles of air escape. Now the gas collection tube is 
placed over the delivery tube and the glass bottle 
allowed to drop into the bottom of the inner tube. The 
sand is there io break its fall. The liquid begins to 
vaporise, which pushes the stopper out, and vapour 
escapes into the inner tube. The volume of air pushed 
out of the tube and collected in the graduated tube 
equals the volume of the vapour. After a while 
equilibrium is re-established and no more air escapes. 
Before the volume of air is read from the graduated tube, 

the pressure inside it has to be made equal to the atmo- 
spheric pressure. This is done by lowering the tube into 
the water until the levels inside and outside the tube are 
equal. From then on the calculation of the molar mass is 
similar to that we have already done. However, there is 
one correction to be made, which we have either ignored 
or have not needed to make in previous examples. The 
air in the graduated tube will be saturated with water 
vapour, so the actual pressure of the air inside the tube 
will be lower than atmospheric pressure. It is the correc- 
ted air pressure that is used in the calculation. 

UNIT 38 SUMMARY 

@® One mole (1 mol) of a gas occupies approximately 
24dm/’ at room temperature and pressure (20°C 
and latm), or 22.4dm’ at standard temperature 
and pressure, s.t.p. (0°C and 1 atm). 

@ The molar mass of a gas can be found by weighing a 
known volume of the gas. 
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@ The molar mass of a volatile liquid can be found by 
converting a weighed amount of it into a vapour 
and measuring its volume. 

@ Determining the mass of the parent ion in a mass 
spectrometer is a more reliable method of 
measuring molar masses. 



39 
Moles and titrations 

39.1 Standard solutions metric analysis. This is where we use a known solution 
and react it with a solution of the chemical being tested. 
The typical method of doing this is in a titration. The 
method of doing a titration is described in panel 39.1. 

A titration is only of use if the concentration of one of 

A major part of chemistry is being able to analyse com- 
pounds to see what and how much of a given chemical 
they contain. One method that is often used is volu- 

Panel 39.1 

Titrations 
We shall assume that we are going to titrate an acid 
and an alkali. The method of doing the titration is 
outlined below. 

Filling the burette 

Close the tap of the burette and pour a little of the 
acid into it. By tipping the burette at an angle, allow 
the acid to wash the inside. Then run some of the 
acid out through the tap. This should push the air 
out of the tip of the burette and should fill it with 
acid. 

Put the burette into a clamp, make sure the tap is 
closed, and slowly pour acid into the burette via a 
filter funnel. Be careful here, if you put too much 
acid into the funnel, the burette may overflow. The 
acid level should be above the 0 cm’ mark near the 
top of the burette. Remove the funnel. 

Slowly open the tap and run out acid until the 
bottom of the meniscus is just touching the 0 cm? 
mark. Discard the acid that you run out: it contains 
some of the acid used to wash the burette. 
Make sure there are no air bubbles trapped in the 

tip of the burette. If there are, open the tap fully. The 
flow of acid should wash the bubbles out. Refill the 
burette if necessary. The burette is now ready for 
use. 

Using the pipette 

Wash two or three conical flasks with distilled water. . 
They should be clean, but it does not matter ae some 
of the water remains in them. 

Using a safety filler, make sure the tip of the 
pipette is well below the surface of the alkali and 
suck some alkali into the pipette. (You should NOT 

suck liquid into a pipette by mouth.) Remove the 
safety filler and tip the pipette so that the alkali 
washes the inside. Allow the alkali to drain out of 
the pipette. Note: Be sure to consult your teacher or 
lecturer about the use of safety fillers. Fitting them 
to, or removing them from, a pipette can be 
dangerous if not done with care. 

Again using a safety filler, fill the pipette with 
alkali until it is some way above the graduation 
mark. 

With your eye on a level with the graduation 
mark, slowly allow alkali to escape into a beaker. If 
you are careful, and with some practice, you should 
be able to let only one or two drops of alkali escape 
at a time. You should allow the bottom of the 
meniscus just to touch the graduation mark. Drips 
on the end of the pipette can be removed using filter 
paper. 

Place the end of the pipette into one of the cleaned 
conical flasks and allow the alkali to flow into the 
flask. Hold the pipette in the flask for around 30s. At 
the end of this time keep the tip of the pipette in 
contact with the inside of the flask for about 3 s. This 

will allow the proper amount of alkali to be drawn 

out of the tip by surface tension. 
Remove the pipette from the flask. You should see 

a little alkali left in the tip. This is meant to be there. 

(Do not be tempted to blow it out!) The volume of 

alkali (or any other liquid) that you have measured 

into the flask from the pipette is called an aliquot. 

Performing the titration 

A few drops of indicator should now be added to the 

alkali. You will discover that the indicator chosen 

will depend on the nature of the acid and alkali 
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Panel 39.1 — contd 
used. We shall assume that a strong acid and a 
strong alkali, e.g. sulphuric acid and sodium hydrox- 
ide, are being used, in which case screened methyl 
orange would be a good choice. This indicator is 
green in alkali. 

The flask should be placed with the tip of the 
burette well into its neck. There should be a white 
tile under the flask so that the colour change of the 
indicator shows clearly. 

The initial reading on the burette should be noted 
down ina table of results, and then a few cm’ of acid 
allowed to flow into the flask. With each addition of 
acid, the flask should be shaken. Eventually you will 
notice a change in the colour of the indicator. At this 
stage acid should be added more slowly until the 
endpoint is reached. The endpoint is where the indi- 
cator is just changing from its colour in alkali to its 
colour in acid. Screened methyl orange has a grey 
colour at the endpoint. If acid is added beyond the 
endpoint, this indicator will turn purple. 

The final reading on the burette should be 
recorded in a table of results. The volume of acid 
used in the experiment is called the titre. A sample 
table is shown below. Notice that the burette reading 
does not have to start at exactly 0 cm’. The import- 
ant thing is that the starting reading is known, and 
recorded. Next, the burette is refilled, another 
aliquot of alkali put into a clean flask, and the titra- 
tion repeated. 

It is common practice to do the first titration fairly 
quickly, so that the volume of acid needed at the 
endpoint is discovered, but not with great accuracy. 
In the second titration acid can be run in steadily up 
to 2 or 3cm? from the endpoint. Then acid is added 

much more slowly. With practice you should be able 
to add acid one drop at a time until the endpoint is 
reached. Ideally, titrations should be repeated until 
two consecutive titres differ by no more than 
0.05 cm?. 

It is possible to read a burette to a greater accuracy 
than 0.05 cm’. However, in school work it is not 
often worth while. One reason for this is that the 
burettes and pipettes that you use may not be top 
quality; e.g. a medium quality 25 cm’ pipette may 
deliver somewhere between 24.9 cm? and 25.1 cm? 
of solution. (Another reason is that unless you per- 
form titrations regularly, you are unlikely to be accu- 
rate enough in the use of the apparatus to warrant 
reading a burette to, say, 0.02 cm’.) 

Specimen table of results for a titration of sodium hydrox- 
ide solution with nitric acid 

Liquid in burette: nitric acid of concentration 
0.1 mol dm~?. 
25 cm?’ sodium hydroxide; 

concentration to be found. 
Liquid in flask: 

Indicator: screened methyl orange. 
Endpoint: change from green to clear 

grey. 

Titration readings 

Titration number l 2 5) 
Second burette 
reading/cm? (24.20) 48.10 23.90 

First burette 
reading/cm? (0.00) 24.20 0.00 

Titre/cm? (24.20) 23.90 23.90 

Average of titrations 2 and 3: 23.90 cm’. 

the solutions is known. Usually the ‘known’ solution is 
made up by taking a measured amount of a chemical 
and dissolving it in water to give a solution whose 
volume is also accurately known. The known solution is 
usually made up in a volumetric (or graduated) flask 
(Figure 39.1). Volumetric flasks have a graduation mark 
on their necks, which tells us the volume of the solution 
that they can contain. The bottom of the liquid meniscus 
must just touch the mark if the volume is to be accurate. 
There should also be a temperature quoted on the flask. 
The solution and flask should be at this temperature if 
the volume is to be accurate. 

If we wish to dissolve a solid in water to give a solution 
of known concentration, we have to know two things: 
the mass of the solid we use, and the total volume of the 
solution. For example, we might want to make a solu- 
tion of sodium chloride that has 5.85 g of the solid in 
250cm/? of solution. It is tempting to think that all we 
have to do is fill the volumetric flask to the graduation 
mark, weigh out the sodium chloride and then put it in 
the flask. The problem with doing this is that the final 
volume of the solution would not be 250 cm’. When 
solids dissolve in water, there is nearly always a volume 
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The bottom of the 
meniscus should just 
touch the line 

Figure 39.1 A common size for a volumetric flask is 250 cm?, 
often written as 250 ml on the flask. It is graduated so that the 
flask contains exactly 250cm? when the bottom of the liquid 
meniscus touches the line on the neck of the flask 

change. We shall leave the explanation of why this is so 
until Unit 60. The way round the problem is to dissolve 
the solid in water (less than 250 cm?!) first, add this to 



the flask, and top up with enough water to reach the 
graduation mark. The way this is done partly depends on 
the nature of the solid being dissolved, but it always 
requires great care if it is to be done accurately. 

Unfortunately some solutions ‘go off’ if left for some 
time. For example, a solution of an iron(ll) compound 
will be oxidised to iron(m) by air, or through reaction 
with water in the flask. Such solutions are of little or no 
value for accurate work. To make a reliable solution we 
should make it from a primary standard. If a solid is to be 
a primary standard it: 

(i) must be pure; 
(ii) should dissolve in water easily; 

(iii) should not decompose easily as a solid or in solu- 
tion; and 

(iv) should have a fairly high molar mass. 

A solution that is made up accurately to a known 
concentration of a primary standard is called a standard 
solution. 

39.1 The first three requirements are not surprising, 
but you may not immediately understand why the 
fourth is important. Suppose we need a solution that 
contains 0.01 mol of a chemical in 250 cm? of solu- 
tion. Assume that the balance that you are going to 
use is accurate only to 0.01g. You have two sub- 
stances, A with a molar mass of 10g mol~', and B 
with a molar mass of 100g mol-". 

(i) What mass of A should you weigh out to go into a 
250 cm§ flask? 

(ii) What is the percentage error in your weighing? 

(iii) What mass of B should you weigh out? 

(iv) What is the percentage error in your weighing 
this time? 

(v) Why is it important to use a substance of fairly 
high molar mass as a primary standard? 

39.2 The concentration of a solution 

A solution consists of at least two things: 

(i) the substance dissolved, which we call the solute; 
and 

(ii) the liquid in which it is dissolved, which we call 
the solvent. 

There are several ways of stating the concentration ofa 
solution. One method, which we shall rarely use, is to 
give the solute contained in 1 kg of solvent. If this con- 
vention is used, we use the word molal to describe the 
concentration. For example, 58.5 g of sodium chloride ° 
(1 mol) in 1 kg of water would be a 1 molal solution. 

It is far more common to state the concentration of a 
solution by giving the number of moles of solute dis- 
solved in 1dm’ of solution. For example, 58.5g of 
sodium chloride dissolved in 1 dm? of solution would 

have a concentration of 1 mol dm~’. You may know the 
volume 1 dm? by the alternative name of 1 litre. (We 
shall use dm? in our working because it is more directly 
related to the SI unit of volume, the cubic metre, m’.) 
You should also know that 1 dm*= 1000 cm’. 

Often 1 dm? of a solution is far more than is needed in 
an experiment. For example, it is more common to make 
up 250cm? of a standard solution. However, the con- 
centration of the 250 cm? will still be given in mol dm7?. 
Look at the two examples, which show you how to 
convert from one system to the other. 

Example 1 

1.06 g of anhydrous sodium carbonate, Na,COs, are 
dissolved in 250cm® of solution. What is the con- 
centration in mol dm-$? 

First, we need to know the molar mass of sodium 
carbonate. It is 

M(Na,CO,) = 2M(Na) + M(C) + 3M(O) 
=2X 23g mol! 

+ 12g mol-'+3x 16g mol"! 
= 106g mol"! 

This tells us that the amount of sodium carbonate is 

1.06g 

La eo) 106.6 aidlal 
This is the number of moles in 250 cm?, but we need 
to know the number in 1 dm%, i.e. 1000 cm, of solu- 
tion. We will have to scale the mass upwards by a 
factor of 1000 cm°/250cm%, i.e. there will be four 
times as many moles of sodium carbonate in 1 dm% 
as in 250cm°. 

The concentration of the solution is 0.04 mol 

dm. 

= 0.01 mol 

Example 2 

5g of copper(it) sulphate crystals, CuSO,°5H,O, 
were dissolved in 100cm*® of solution. What is the 
concentration of the solution? 

Again we start by finding out the molar mass of 
the solute. 

M(CuSO,-5H,O) = M(Cu) + M(S) + 4M(O) 
+5M(H,O) 

=(64+32+4x16 
+ 5 x 18)g mol’ 

= 250g mol"! 

Thus the amount taken is 

5g 
: = ——>+——_ = 0.02 mol n(CuSO,-5H,O) 350g mol 

The number of moles in 1000cm° will be 
1000 cm?/100 cm%, i.e. 10, times greater. 
The concentration is 0.2 mol dm-°. 
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39.2 What are the concentrations in mol dm~° of the 

following solutions? 

(i) 1.06g anhydrous sodium carbonate in 100 cm°; 

(ii) 10.6g anhydrous sodium carbonate in 2000 cm°; 

(iii) 25g copper(tl) sulphate crystals in 500 cm; 

(iv) 250g copper(I!) sulphate crystals in 5dm%. 

39.3 Concentration and molarity 

A solution that has molarity of one would be given the 
symbol 1M: A 1M solution would contain 1 mol of 
solute in 1dm? of solution. Similarly, a 2M solution 
would contain 2 mol of solute in 1 dm? of solution, and a 
0.2 M solution would contain 0.2 mol of solute in 1 dm? 
of solution. Typical concentrations of solutions you may 
meet are given in Table 39.1. Molarity is widely used as a 
shorthand way of talking about the concentration (in 
mol dm~*) of a solution, even though the International 
Union of Pure and Applied Chemistry (fUPAC) has 
recommended that the word should no longer be used. 
Your teacher or lecturer will tell you if you can afford to 
ignore this section. 

Table 39.1. Concentrations of solutions used in 

laboratories* 

Concentration 

when concentrated 

Concentration 

when dilute 

Acids 
Hydrochloric 2moldm ’ (2M) 
Nitric 2moldm? (2M) 
Sulphuric 1 mol dm~? (1M) 

Alkalis 
Sodium hydroxide 2moldm~* (2M) 
Potassium hydroxide 2moldm ? (2M) 
Aqueous ammonia 2moldm ’* (2M) 

12moldm~’* (12 M) 
16moldm~? (16M) 
18 mol dm? (18M) 

10 mol dm~* (10 M) 
10 mol dm?’ (10 M) 
15moldm ? (15M) 

*Normally even the dilute solutions are considerably more 
concentrated than those used in titrations 

It is useful to know how to convert from concentra- 
tions given in mol dm~ to those given in terms of 
molarity, and vice versa. The two examples show you 
how to do this. 

Example 3 

A solution of silver nitrate, AgNO,, contains 1.08 g in 
250 cm°. What is its molarity? 
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First we work out the concentration in mol dm-°. 

The molar mass of silver nitrate is 108g mol-', and 
so 

1.08g 

108g mol"' 

This is contained in 250 cm%, so 

n(AgNO,) = =0.01 mol 

number of moles in 1 dm? 

3 

1000 em" — 0.04 mol =0.01 lex 
ee 250cm 

Thus the concentration is ‘'0.04mol dm~-°%. Alter- 

natively we say that the molarity of the solution is 
0.04 M. 

Example 4 

A bottle of dilute hydrochloric acid is 2M. What 
mass of hydrogen chloride, HCI, would be dissolved 
in 100 cm® of this acid? 

Given that the molarity is 2M, we know that its 
concentration is 2mol dm~°, i.e. the solution con- 
tains 2mol of HCl in 1000 cm°. Therefore, there will 
be 0.2mol in 100cm°. However, M(HCI) =36.5g 
mol~', so there will be 36.5g mol”! x 0.2 mol=7.3g 
in 100 cm%. 

39.3 What is the molarity of the following solutions? 

(i) 100 cm? containing 9.8 g of sulphuric acid, H,SO,; 

(ii) 250 cm? containing 1.58 g of sodium thiosulphate, 

39.4 The molarity of a solution of sodium chloride 
was 0.01M. What would be the mass of sodium 
chloride in (i) 2dm® and (ii) 10cm? of the solution? 
M(NaCl) = 58.5g mol’. 

39.4 How to do calculations 
involving concentrations 

The most important thing you should realise about cal- 
culations involving solutions is that it is the number of 
moles of the reactants that is important. Often we need 
to know the volume of the solution, but this is only 
because the link between concentration and volume 
allows us to work out the number of moles in a solution. 
We shall do two examples, which will show you the 
types of question you might have to face. 



Example 5 

25cm® of a solution of sodium hydroxide were 
neutralised by 23.90 cm® of nitric acid of concentra- 
tion 0.1 mol dm~°. (These are the results from panel 
39.1.) What is the concentration of the sodium 
hydroxide solution? 

The starting point is the equation for the reaction: 

HNO,(aq) + NaOH(aq)—> NaNO.(aq) + H,O(I) 

This tells us that the acid and alkali react together in 
the ratio of 1 mol HNO, to 1 mol NaOH. Therefore, if 
we know the number of moles of nitric acid used, we 
have immediately worked out the number of moles 
of sodium hydroxide present. The concentration of 
nitric acid is given as 0.1 mol dm~°, which tells us 
that 

1000 cm? of the acid contain 0.1 mol 

so, 

23.90 cm of the acid contain 

23.90 cm? 

1000 cm? 

Thus, the number of moles of sodium hydroxide is 
also 2.39 x 10-2 mol. This number of moles is con- 

tained in 25cm, so 

0.1 mol x = 2.39 x 10°? mol 

number of moles of NaOH in 1000 cm? 
3 

= 2.39 x 10-3 mol x 1000.¢m" _ 9 996 mol 
25 cm? 

The concentration of the solution is 0.096 mol 

dm. 

39.5 The equation for the reaction of sodium 
hydroxide with sulphuric acid is 

H,SO,(aq) + 2NaOH(aq) > Na,SO,(aq) + 2H,0() 

In a titration, 25cm? of sodium hydroxide solution 
were neutralised by 24cm*® of sulphuric acid of con- 
centration 0.2 mol dm~°. What was the concentration 
of the alkali? 

39.6 500cm® of nitric acid were neutralised by 
10.6 g of anhydrous sodium carbonate. The equation 
for the reaction is 

2NaNO,(aq) + CO.(g) + H2O(I) 

What was the concentration of the acid in terms of . 

(i) mol dm; (ii) molarity; (iii) g dm~%? 

Example 6 

100cm? of a solution of hydrochloric acid were 
exactly neutralised by 0.12g of magnesium ribbon. 
What was the concentration of the acid? 
M(Mg)=24g mol-'; M(H)=1g mol; M(Cl) 
= 35.5g mol™'. 

Once again we start by writing down the equation 
for the reaction. 

Mg(s) + 2HClI(aq)—> MgCl.(aq) + H,(g) 

This tells us that 1 mol of magnesium will exactly 
react with 2 mol of HCI. Now we know that the num- 
ber of moles of HCI will be double the number of 
moles of Mg used: 

0.12g 

24g mol"! 

= 0.005 mol 

Therefore, number of moles of HCI used = 0.01 mol. 

This is the number of moles in 100 cm, so there will 
- be 10 times as many in 1000 cm‘%. 

The concentration of the acid was 0.1 mol dm-°. 

number of moles of Mg used = 

39.7 This question is about the titration experiment 
described in panel 39.1. 

(i) Half-way through a titration, a student noticed 
some drops of acid had got on to the inside of the 
neck of the conical flask he was using. He decided to 
wash the drops into the main solution using distilled 
water. Did he ruin his experiment? Briefly explain 
your answer. 

(ii) Another student was worried that her pipette was 
dirty, so she washed it out with distilled water and 
then immediately filled it with 25 cm® of alkali. Did this 
student ruin her experiment? 

(iii) Alkalis will absorb carbon dioxide from the atmo- 
sphere. Carbonates are made in the reaction. Why is 
it especially important to wash a pipette with distilled 
water after a titration using alkali? Why should alkali 
never be left in a burette? 
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Answers 

39.1 (i) 0.01 mol x 10g mol''=0.1g. 

(ii) The error is (0.01 g/0.1 g) x 100% = 10%. 

(iii) 0.01 mol x 100g mol"'=1g. 

(iv) The error is (0.01 g/1 g) x 100% =1%. 

(v) By using a high molar mass we reduce the error in 
using a given number of moles of the solid in solution. 

1.06g 

106 g mol"! 

This is dissolved in 100.cm%, so 1000 cm? would contain 

0.01 mol x 10=0.1 mol. The concentration is 0.1 mol 

dm-°. 

(ii) n(Na,CO,) =0.1 mol. Scaled down to 1000.cm*%, the 
concentration is 0.05 mol dm-°. 

ie no eg 
(iii) n(CuSO,-5H,O) = 350 g mol 

This is in 500 cm, so the concentration is 0.2 mol dm-°. 

(iv) This time, n(CuSO,°-5H,O)=1 mol, which is in 
5dm$%. Therefore, the concentration is 0.2 mol dm -°. 

39.2 (i) n(Na;CO,) = =0.01 mol 

= 0.1 mol 

9.8g 

98g mol" ' 
This is contained in 100cm°, so there would be 1 mol in 
1000 cm°. The molarity is 1M. 

i 1.589 
(ii) n(NazS,03) = 158g mol! 

To scale this up to 1000cm° we multiply by 4. The 
molarity is 0.04M. 

39.3 (i) n(H»SO,) = =0.1 mol 

= 0.01 mol 

39.4 (i) 1000cm°, or 1dm°%, contains 0.01 mol of 
sodium chloride, so there would be 0.02mol in 
2dm°. The mass of NaCl present is 0.02mol x 
58.5g mol-'=1.17g. 
(ii) In 10cm there will be 

TOCM? we fez 

1o00em® 0 
The mass present = 10°* mol x 58.5 g mol! = 
5.85 10.2 Gg. 

0.01 mol x 

39.5 From the equation we know that 1 mol of sul- 
phuric acid is neutralised by 2 mol of sodium hydroxide, 
so once we calculate the number of moles of acid used, 
we know that there are twice this number of moles of 

sodium hydroxide. We have that 

1000 cm? of acid contained 0.2 mol 

so, 24cm® of acid contained 

24 cm® 24cm" _48 x 10-2 mol 
(O00 GMmasns ae er? 

The number of moles of sodium hydroxide used= 
9.6 x 10-° mol. This number of moles was in 25cm%, so 
in 1000 cm? there would be 

3 

ae = 0.38 mol 

The sodium hydroxide had a concentration of 0.38 mol 
dm-°. 4 

10.6 39.6 (i) n(Na,CO3) Hoganery 

and the equation tells us that there must be twice as 
many moles of nitric acid present as sodium carbonate. 
Therefore, 0.2mol of nitric acid were present in the 
500 cm°. The concentration was 0.4 mol dm °. 

(ii) 0.4 M. 

(iii) M(HNO,) =63g mol~', so mass of HNO, present in 
1 dm? =0.4 mol x 63g mol”'= 25.2 g. The concentration 
is\25.2.g-am'-> 

39.7 (i) The experiment was not ruined. Adding distil- 
led water to the conical flask does not change the num- 
ber of moles of alkali in the flask, nor can it change the 
number of moles of acid added from the burette. 

(ii) This experiment was ruined. The alkali is diluted by 
the water, so the concentration of the alkali run in is 

different to that of the alkali used as the stock solution. 

This means that the number of moles of alkali run into 
the flask is less than it should be. Another way of looking 
at this is to say that the water takes up room in the 
pipette. Therefore less than 25cm? of alkali can be 
sucked into it, so fewer moles of alkali are run into the 
flask. 

(iii) If alkali is left in the pipette it will become encrusted 
with solid carbonate and the jet may become blocked. 
This is not impossible to remove (using dilute nitric acid), 
but it is particularly annoying to have to clean someone 
else’s dirty apparatus! Alkali in a burette may also lead 
to the jet being blocked. However, it can also lead to a 
deposit of solid carbonate in the socket of the tap. This 
makes the tap stick, and become extremely difficult to 
clean. Also, the alkali can attack the grease that may be 

used to lubricate the socket. This too leads to the burette 
being difficult, if not impossible, to use. It is best not to 
use an alkali in a burette. 

0.2 mol x 

9.6 x 10°? mol x 

=0.1 mol 

UNIT 39 SUMMARY 

e A solution of a primary standard that is made up 
accurately to a known concentration is called a 

standard solution. 
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@ The concentration of a solution is measured in 

moldm~’, sometimes known as molarity, M. 



40) 
Four types of titration 

40.1 Acid—base titrations 

In the last unit, panel 39.1 explained how to perform a 
titration between an acid and an alkali. (An alkali is a 
soluble base.) There are four variations of this type of 
titration, listed in Table 40.1. 

The combination of a weak acid with a weak base is 
not suitable for a titration experiment. However, the 
other three pairings will work, but no single indicator is 
suitable for all of them. You will find details about the 
differences between strong and weak acids and bases in 
Unit 75. Likewise, the reasons for choosing different 
indicators are explained in Unit 76. 

40.2 Redox titrations 

(Note: you may prefer to read this section after you have 
read Unit 41.) Many titrations involve oxidation and 
reduction reactions, i.e. redox reactions. In particular, 
solutions of potassium dichromate(vi), K,Cr,O,, and 
potassium manganate(vll), KMnO,, are used as oxidis- 
ing agents. We shall look at one example of the use of 
each of these solutions. You will find that when an indi- 

Table 40.1. Acid—base titrations 

cator is used it has to be a special redox indicator, rather 
than the normal acid—base indicators of Table 40.1. 

(a) Titration of iron(1) with potassium 
dichromate(v1) 

Iron(il) ammonium sulphate, Fe(NH,),(SO,),, solution 
is a suitable source of iron() ions, Fe?*. This substance 
should normally be made up by dissolving it in water 
mixed with dilute sulphuric acid. (The acid helps to 
prevent the iron(i) ions being hydrolysed.) 

A 25cm? aliquot is placed in a conical flask in the 
normal way, and usually about 10cm? of dilute sul- 
phuric acid added. 

A few drops of diphenylamine solution are added fol- 
lowed by 5 cm? of phosphoric acid. Diphenylamine is a 
redox indicator. It is colourless unless it is oxidised, in 
which case it is converted into a violet-blue dye. When 
dichromate(vI) ions run into the solution they oxidise 
iron(II) to iron(m). When all the iron(m) ions have been 
oxidised, the next one or two drops of the 
dichromate(v1) solution attack the indicator molecules. 
This is when the violet-blue colour appears and the end- 

point has been reached. 

Colour change 
Combination * Suitable 

indicator In acid In alkali 

Strong acid/strong base Methyl orange Red Yellow 
Bromothymol blue Yellow Blue 

Strong acid/weak base Methyl red Red Yellow 
Weak acid/strong base Phenolphthalein Colourless Purple 
Weak acid/weak base Not suitable for a titration 

*Typical strong acid solutions are hydrochloric, HCl(aq), sulphuric, H,SO,(aq), and 

nitric, HNO;(aq) 
Weak acids are ethanoic, CH,COOH(aq), and phosphoric, H;PO,(aq) 
Typical strong bases, or alkalis, are sodium hydroxide, NaOH(aq), and potassium 

hydroxide, KOH (aq) 
A weak alkali is aqueous ammonia, NH;(aq), also known as ammonium 
hydroxide (the latter name is misleading; there is almost no NH,OH in the 
solution) 
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The phosphoric acid combines with the iron(II) ions 
made during the reaction to give complex ions. This 
stops the iron(im!) ions themselves taking part in a redox 
reaction with the indicator, which might mask the 

endpoint. 
The equation for the reaction is 

6Fe*t (aq) + Cr,0,? (aq) + 14H* (aq) > 
6Fe?* (aq) + 2Cr?* (aq) + 7H,O0(1) 

This shows that 6 mol Fe?*+ =1 mol Cr,0,7~. 

Example 1 

25cm* of a solution of iron(i!) ammonium sulphate 
needed exactly 20cm® of a solution of potassium 
dichromate(v!) of concentration 0.05mol dm-°. 
What was the concentration of the iron(i!) solution? 
We start by working out the number of moles of 

dichromate(vi) ions used in the titration. 

1000 cm? of solution contains 0.05 mol 

so, 20cm? of solution contains 

20 cm? 

1000 cm? 
0.05 mol x = 0.001 mol 

However, we know from the equation that 1 mol 

Cr,0,?- will react with 6 mol Fe?*. Therefore there 
must have been six times the number of moles of 
iron(l) ions as dichromate(vi) ions, i.e. amount of 
iron(il) ions present in flask = 0.006 mol. This num- 
ber of moles was present in 25cm, so 

1 dm? of solution contains 

1000 cm? _ 
Beene. 0.24 mol 

Thus, we have calculated the concentration of the 

iron(tl) solution to be 0.24 mol dm°. (Alternatively, it 
is 0.24 M.) 

0.006 mol x 

(b) Titration of ethanedioate (oxalate) ions 
with potassium manganate(vn) 

A solution of sodium ethanedioate, Na,C,0, (also 
known as sodium oxalate), can be used as a source of 
ethanedioate ions, C,0,?~. A 25cm? aliquot should be 
placed in a titration flask and 10cm? dilute sulphuric 
acid added. To ensure that the reaction takes place at a 
suitable rate, the solution must be heated to nearly 60° C 
before potassium manganate(vil) solution is run in from 
a burette. The nice thing about manganate(vil) ions in 
water is that they give an intense purple colour. When 
they oxidise another chemical in acidic solution, the 
product is a solution of manganese(II) ions, which is 
colourless. This means that potassium manganate(Vvil) 
solution can act as its own indicator. While ethanedioate 
ions are still present, the manganate(vul) solution run 
into the flask loses its colour. Once all the ethanedioate 
ions have reacted, the next drop of manganate(vm) solu- 

228 Physical Chemistry 

tion gives a permanent purple colour, which marks the 
endpoint. 

The equation for the reaction is 

5C,0,° (aq) + 2MnO, (aq) + 8H* (aq) > | 
10CO,(g) + 2Mn2* (aq) + 4H,O(1) 

Therefore, 5mol.¢G,0,2- =2 mol MnO. 

Example 2 

25cmé% of a solution of sodium ethanedioate of con- 
centration 0.1 mol dm~* were placed in a titration 
flask. A  burette was filled with potassium 
manganate(vil) solution of concentration 0.038 mol 
dm-°. What volume of the manganate(vil) solution 
would be needed to give the endpoint in the 
titration? 

Once again we work out the number of moles of 
the reactants: 

number of moles of ethanedioate ions in 25cm*% 

3 

29M" — 0.0025 mol =0:1 x 
OOO ONO 

From the equation we know that 

5 mol C,0,2- =2mol MnO,— 
or, 1molC,0,2- =0.4mol MnO,— 
so 0.0025mol C,0,2- =0.0025 x 0.4 mol MnO, 

=0.001 mol MnO,— 

This result means that we would have to run in 
0.001 mol of MnO,~ ions into the titration flask in 
order to react with all the ethanedioate ions. The 
final part of the problem is to decide how many cm? 
of the solution in the burette would contain this num- 

ber of moles of ions. 
Because the concentration of the manganate(vil) 

solution is 0.0388 mol dm~’, we know that 

0.038 mol MnO,” are contained in 
1000 cm® of solution, 

and 

0.001 mol MnO,” are contained in 
0.001 

1 3 x ———— = 26.32 cm? 000 cm 0.038 6.32cm 

We would expect the volume of solution run in from 
the burette to be 26.32.cm? (if we were to work to 
that degree of accuracy). 

40.1 A sample of iron(il) sulphate crystals, 
FeSO,°:7H.O, had been left open to the air and some 
of the iron(!) ions had been converted to iron(II). 4.2.g 
of the impure crystals were dissolved in a total of 
250 cm? water and dilute sulphuric acid. 25 cm? por- 
tions of this solution were titrated with a solution of 
potassium dichromate(vi). The concentration of 



dichromate(vi) ions in this solution was 0.1 mol dm-°. 
The average titre used was 23.5cmé%. 

Your task is to find the percentage purity of the 
original crystals. Here is the recipe. 

(i) How many moles of dichromate(vi) ions were 
used in each titration? 

(ii) How many moles of Fe?* ions must have been 
present in each 25cmé% aliquot? 

(iii) How many moles of Fe?* ions would there have 
been in the 250cm® of stock solution? This is the 
same number of moles as in the 4.2g of crystals. 

(iv) What is the mass of this amount of Fe?* ions? 
M(Fe)=56g mol"*. 

(v) If you assume that the crystals were pure, 
how many moles of the crystals were taken? 
M(FeSO,:7H,O) = 278g mol"'. 

(vi) What mass of Fe?* ions should have been 
present in the 4.2 g of crystals? 

(vii) From your answers to (iv) and (vi) calculate the 
percentage purity of the crystals. 

40.2 An impure sample of iron of mass 2.55g was 
dissolved in dilute sulphuric acid and the solution 
made up to 250cm*%. The solution contained iron(i!) 
ions together with the impurities. 25cm* samples of 
the solution were titrated with potassium man- 
ganate(vil) solution of concentration 0.02 mol dm-°. 
The average titre to reach the endpoint was 
28.50 cm?. 

(i) How many moles of the manganate(vil) solution 
were used in the titration? 

(ii) How many moles of iron(il) ions will react with 
1 mol of manganate(vil) ions? 

(iii) How many moles of iron(II) ions must have been 
present in 25cm of solution? 

(iv) How many moles of iron(il) were there in the 
250 cm® of stock solution? 

(v) What is the mass of this number of moles of 
iron(i)? M(Fe) =56g mol’. 

(vi) What was the percentage purity of the sample of 
iron? 

40.3 Titrations involving iodine 

Compounds that contain iodine are widely used in titra- 
tions. The titrations make use of one (or more) of the 
following changes: 

(i) Iodide ions can be oxidised to iodine: 
2I (aq) —2e5 > L (s) 

colourless black 

(ii) Iodate(v) ions, I0,~, will oxidise iodide ions to 
iodine: 

IO; (aq) + 5I- (aq) + 6H* (aq) = 31,(s) + 3H,O(1) 
colourless colourless black 

(iii) Thiosulphate ions, S,0,7~, can reduce iodine to 
iodide ions: 

2S,03*" (aq) + 1,(s) > $40.7" (aq) + 21” (aq) 
colourless black colourless colourless 

Although solid iodine is black and insoluble in water, 
it is often the case that reactions are done in which many 
iodide ions are about. If iodine is produced in the 
presence of iodide ions, it is converted into soluble tri- 
iodide ions, I,~: 

L(s) +P (aq) =I, (aq) 
black dark brown 

Small amounts of iodine molecules, I,, can be detected 
by using starch as an indicator. Depending on the 
amount of iodine present, starch will give a blue to 
almost black colour. 

(a) An iodate(V)/iodide/thiosulphate titration 

Suppose we have a solution of a potassium iodate(v) 
whose concentration we want to determine. The method 
is to react the iodate(v) ions with an excess of iodide ions 
so that all the iodate(v) ions are converted into iodine. 
Having done this we can titrate the solution with thio- 
sulphate ions in order to find the amount of iodine 
released. In practice we place 25cm? of the iodate(v) 
solution in a titration flask together with at least 10 cm? 
of dilute sulphuric acid. Then an excess of potassium 
iodide solution is added. This liberates iodine; but 
because iodide ions are left over, the triiodide ions are 
produced rather than solid iodine. Now sodium thiosul- 
phate of known concentration is run in from a burette. 
Gradually the colour of the solution fades owing to 
iodine being converted back into iodide ions. When the 
solution is a pale straw colour, starch solution is added. 
This gives a strong black colour. When the solution goes 
clear we know that all the iodine has been used up by 
the thiosulphate ions. This is the endpoint of the 
titration. 

Example 3 

25cm* of a solution of potassium iodate(v), KIO., 
were placed in a titration flask. 20 cm® of a solution 
of potassium iodide and 10cm% of dilute sulphuric 
acid were added to the flask. The iodine liberated 
was titrated using a solution of sodium thiosulphate 
of concentration 0.2 mol dm~°, using starch as the 
indicator. The endpoint was reached when 24 cmé§ of 
the thiosulphate solution had been run in. What was 
the concentration of the original iodate solution? 

To understand how we can do this calculation you 
should look carefully at the equations under (ii) and 
(iii) above. In words, we can summarise the first as 

1 mol 1O,> =3 mol I, 

and the second as 

1 mol |,=2mol S.0,7- 
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Therefore, 

3.mol ;=6 mol $,0,7- 

and overall, 

1 mol 1O,~- =6 mol S,0,7- 

We have the key to the question now: if we work 
out the number of moles of S,0,2- ions used, we 
know there were 1/6 times as many moles of IO,~ 
present in the flask. 

Number of moles of S,0,2~ ions used 

24 cms 
=0.2 mol x 

Therefore, 

number of moles of |10,~ present 

= 0.0048 mol x 1/6 = 0.0008 mol 

This number of moles was in 25cm°, so in 1000 cm$ 
we have 

3 

1000 cm" — 0.032 mol 0.0008 mol x 
om 25cm 

The concentration of the potassium iodate(v) solu- 
tion was 0.032 mol dm-°. 

40.3 Household bleach contains chlorine, mainly as 
chlorate(!) ions, CiO-. These ions are oxidising 
agents. One way of estimating the strength of house- 
hold bleach is to take a sample of the bleach and 
react it with a solution of an iodide. The chlorate(|) 
ions convert the iodide ions into iodine. The greater 
the concentration of chlorate(!) in the bleach, the 
more iodine will be produced. If we titrate the final 
solution containing iodine with a thiosulphate solution 
of known concentration, we can calculate the con- 
centration of chlorate(!) ions in the bleach. 

You will need the following equation: 

ClO- (aq) + 21° (aq) + 2H* (aq) 
Cl" (aq) + I,(s) + H,O(I) 

Household bleach is often very concentrated and it 
has to be diluted before it is used in a laboratory 
experiment. After dilution the bleach is mixed with 
dilute sulphuric acid and an excess of potassium 
iodide solution. The resulting solution is titrated with 
sodium thiosulphate solution using starch as the indi- 
cator. Here are some specimen results: 

Volume of bleach taken = 2.5cm%. This was made 
up to 100cm% with distilled water. 25 cm® portions of 
this solution were mixed with 10cm of a solution of 
0.5mol dm-? potassium iodide and 10 cm® dilute sul- 
phuric acid. The average titre using sodium thiosul- 
phate of concentration 0.01 mol dm? was 24.20 cm°. 

(i) How many moles of thiosulphate ions react with 
1 mol of iodine? 
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(ii) How many moles of chlorate(!) ions give 1 mol of 
iodine? 

(iii) What is the connection between the number of 
moles of thiosulphate used in the titration and the 
number of moles of chlorate(!) ions taken? 

(iv) How many moles of sodium thiosulphate were ~ 
used in the titration? 

(v) How many moles of chlorate(!) ions were there in 
the 25cm*® of diluted bleach solution, and in the 
2.5cm* of the original bleach? 

(vi) What is the concentration (in mol dm-°) of 
chlorate(!) ions in the bleach? 

(vii) If you were to do this experiment, how would you 
find out the volume of potassium iodide solution that 
had to be used to give an excess of iodide ions? 

(viii) A student who was doing this experiment found 
that the bottle of dilute sulphuric acid he was using 
was empty. Nearby he found a bottle of dilute 
hydrochloric acid, so he used this to add to the bleach 
and iodide solution. Was this a good idea? 

40.4 Silver nitrate titrations 

In titrations, silver nitrate is mostly used to determine 
the concentrations of solutions that contain chloride 
ions. If you were to put a solution of sodium chloride in 
a flask and add silver nitrate from a burette, you would 
see an immediate white precipitate of silver chloride. 
The equation for the reaction is 

Ag* (aq) + Cl (aq) > AgCl(s) 

This shows that 1 mol Ag*=1 mol Cl. 
When all (or nearly all; see Unit 64) the chloride ions 

have been used up, there will be no more precipitate 
made. The trouble with the titration is seeing when this 
point is reached. In fact it is possible to use potassium 
chromate(v1), K,CrO,, solution as an_ indicator. 
Chromate(v1I) ions, CrO,’~, give a red precipitate of 
silver chromate(vi1), Ag,CrO,, with silver ions. 
However, silver chloride is more insoluble than silver 
chromate(vi), so if silver ions are added to a solution 
containing a mixture of chromate(vi) and chloride ions, 
it is silver chloride that is precipitated first. Silver 
chromate(v1) is only precipitated after the precipitation 
of silver chloride is completed. A difficulty with using 
potassium chromate(vi) as an indicator is that it will not 
work in an acidic solution. In acid, chromate(vI) ions 
are converted into dichromate(v1) ions, Cr,O0,7~, so the 
indicator is destroyed. If a chloride solution is acidic, 
calcium carbonate powder can be added to neutralise 
the acid. 



Example 4 

25 cm of a solution of potassium chloride was put in 
a conical flask, and a few drops of yellow potassium 
chromate(vi) indicator added. Silver nitrate of con- 
centration 0.02 mol dm~? was run in from a burette 
until the indicator gave a permanent red tinge to the 
solution. The titre was 22.5 cm’. What was the con- 
centration of the chloride solution? 
We start by calculating the number of moles of 

silver ion added: 

22.5cm? 

1000 cm? 

= 0.00045 mol 

number of moles of Ag* = 0.02 mol x 

40.4 Silver nitrate titrations can be used to help us 
discover the formula of some chlorides. For example, 
if you were to pass chlorine over heated aluminium, a 
white solid is produced. The solid is a chloride of 
aluminium. For the present purposes we_ shall 
assume that we do not know its formula. You have to 
be careful with an experiment like this if you want to 
collect a pure sample of the chloride. For example, it 
is important to exclude moisture from the apparatus; 
see Figure 40.1. 

t Excess chlorine 

Anhydrous calcium 

chloride 

Loose cotton 

Pieces of wool plug 
aluminium 

Dry 
chlorine 

Aluminium chloride 
collects here 

Figure 40.1 An apparatus for preparing aluminium 

chloride 

A sample of the chloride is put into a pre-weighed 
specimen bottle, which is weighed again. Next, the 
bottle is opened under the surface of water in a 
beaker. The reaction that takes place can be quite 

We know that 1 mol Agt =1 mol Cl-, so the number 
of moles of chloride ion in the flask was also 
0.00045 mol. Now we can say that 

number of moles of Cl- in 1 dm® 

1000 cm? 
——— = 0.018 | 
25 cm? me 

Finally, the concentration of the potassium chloride 
solution was 0.018 mol dm-°. 

= 0.00045 mol x 

vigorous, but the result is that the chloride is 
hydrolysed. The chloride originally bound up with the 
aluminium is released into the water as free chloride 
ions. This solution is then made up to 250cm% in a 
volumetric flask. 25 cm aliquots of this stock solution 
have calcium carbonate added to them and then they 
are titrated with silver nitrate using potassium 
chromate(vl) as an indicator. Here are some speci- 
men results. By the end of the calculation we will have 
worked out the empirical formula of the chloride. 

Mass of the aluminium chloride used = 1.31 g 

Concentration of the silver nitrate solution 

= 0.05 mol dm-? 

Average titre of silver nitrate solution = 16.7 cm? 

We know that M(Cl) =35.5g mol”! and M(Al) = 27g 
mol"'. 

The plan of campaign is as follows: 

(i) Find the number of moles of silver ions used in the 
titration. 

(ii) This equals the number of moles of chloride ions 
in the 25cm§ of aluminium chloride solution. 

(iii) Find the number of moles of chloride ions in 

250 cm? of the stock solution. 

(iv) Calculate the mass of chloride ions present. This 
is the mass of chlorine in the 1.319 of aluminium 
chloride. How many moles of chlorine is present? 

(v) Calculate the mass of aluminium in the original 
sample. 

(vi) Calculate the number of moles of aluminium in 
the original sample. 

(vii) Find the simplest ratio for the number of moles of 
aluminium, n(Al), to the number of moles of chlorine, 
n(Cl). Once you have done this you will have cal- 
culated the empirical formula. 
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Answers 

40.1. (i) Number of moles used 

23. 5em" 
1000 cm? 

= 2°35 <x 10 “mol 

(ii) Number of moles of Fe** ions is 6x 2.35 x10 
mol= 1.41 x 10°? mol. 

(iii) There would be 10 times as much, i.e. 1.41 x 10°? 
mol. 

(iv) Mass of Fe?* ions=56g mol"! x 1.41 x 10°? mol= 
0.79g. 

(v) Number of moles of crystals 

eae) 

~ 278g mol" 
(vi) 1 mol. of crystals contains 1 mol of Fe?* ions, so 
0.015 mol of crystals contains 0.015 mol of Fe** ions. 
Mass of Fe** ions -present=56gmol 'x0.015mol 
= 0.84 g. 

(vii) The crystals should contain 0.84 4g, but the titration 
shows they really contain 0.79 g. The purity is 

0.79g 

0.84g 

40.2 (i) n(MnO,~) 
3 

— 0.02 mol x eee =5.7 x 10-4 mol 

= 0.01 mol x 

= 0.015 mol 

x 100% = 94% 

(ii) Manganate(vi!) ions will take five electrons each, and 
an iron(il) ion can lose only one electron. Therefore the 
ratio is 

1 mol MnO, =5 mol Fe?* 

(iii) There were 5x 5.7 x 10-4 mol=2.85 x 10-? mol. 

(iv) There would be 10 times as much, i.e. 2.85 x 10-7 
mol 

(v) Mass=56g mol! x 2.85 x 10°? mol= 1.596 g. 

1.596g eaten 
2.559 x 100% = 62.6% 

40.3 (i) 1moll,=2mol S,0,7-. 

(ii) The equation shows that: 1 mol ClO~ = 1 mol Ip. 

(iii) We have 1mol ClO- =2mol S,0,7 , i.e. number of 
moles of CIO~ is half the number of moles of S,0,7-. 

: a ee eae Oem S,0,2-) = 0.01 mol dm-3 x 2420.em" 
WV) MS20s5) ot a *1000.ems 

(vi) Percentage purity = 

AD Om mol 

(v) There were 1.21x10°* mol in 25cm%, and 
4.84 x 10 * mol in 100cm‘%. This is the same number as 
in the 2.5cm? of bleach. 

(vi) To get the concentration in mol dm~°, we must scale 
up from 2.5cm* to 1000 cm®; i.e. we multiply by 400. The 
concentration is 0.194 mol dm °. 

(vii) You would take a 25cm® sample and add, say, 
10cm% of the potassium iodide solution. Then take a 
second sample and add 15cmé of the iodide solution. If 
you titrated both solutions, and the 10cm? sample gave 
the same result as the 15cm* sample, you would know 
that the 10 cm® of iodide was enough to react with all the 
chlorate(!) ions. If the results were significantly different 
you would repeat the exercise with a third sample using 
20cm of iodide solution. Eventually you would find out 
how much of the iodide solution was needed. In practice 
it is necessary to use excess iodide solution in order to 
keep the iodine in solution as |, ions, rather than being 
precipitated as a solid. 

(viii) No. Chlorate(!) and chloride ions react (see Unit 
102): 

ClO (aq) + Cl (aq) + 2H*(aq) = Cl,(g) + H,O(I) 

Much of the chlorine bubbles out of the solution. 

40.4 (i) Number of moles of silver ions 

——— =2.91 x 10°? mol 

(ii) Number of moles of chloride ions = 2.91 x 10-$ mol. 

(iii) In 250 cm® there will be 

250 cm? 

25cm? 

=0.1 mol x 

2.91 x 10-3 mol x = 2.91 x 10°? mol 

(iv) Mass of chlorine = 2.91 x 10°? mol x 35.5g mol"! 

= 1.033 g 
This represents 

1.033g5 * 
35.5qmol" 0.029 mol 

(v) Mass of aluminium = 1.31 g— 1.0833 g=0.277g. 

(vi) This is 

02779 0.01 mol 
27g mol 

(vii) The ratio n(Al) to n(Cl) is 0.01 mol to 0.029 mol. This 
is very near to 1 mol to 3mol. The empirical formula is 
AICl,. 

UNIT 40 SUMMARY 

@ Acid—base titrations: 

A typical acid—base titration uses the neutralisation 
reaction between oxonium ions and hydroxide 
ions 

H,O* (aq) + OH (aq) > 2H,O(1) 
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@ Redox titrations: 
(i) Titration of 

dichromate (v1) 

6Fe** (aq) + Cr,0,7 (aq) + 14H* (aq) > 
6Fe** (aq) + 2Cr’* (aq) + 7H,0(1) 

iron(II) with potassium 



(ii) Titration of ethanedioate (oxalate) ions with (ii) Iodine can be titrated with thiosulphate 
potassium manganate(vil) solution using starch as an indicator 

5C,0,?- (aq) + 2MnO, (aq) + 8H* (aq) > 28,037 (aq) + 1L,(s) > $,0,?- (aq) + 21 (aq) 

10CO,(g) + 2Mn** (aq) + 4H,0(1) ® Silver nitrate titrations: 

Silver ions can be titrated with chloride ions using 
a solution of chromate(vI) ions, CrO,?~, as 
indicator 

Ag* (aq) + Cl (aq) > AgCl(s) 

Solid silver chromate(v1), Ag,CrO,, is red and is 
IO; (aq) + 5I (aq) + 6H* (aq) > precipitated once the majority of chloride ions are 

31L,(s) + 3H,O(1) removed. 

@ Titrations involving iodine: 

(i) Iodide ions are easily oxidised 

21 (aq) —2e —L(s) 

e.g. by iodate(v) ions 
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4 | 
Oxidation numbers and oxidation states 

41.1 What are oxidation and 

reduction reactions? 

We have a belief that we should be able to find patterns 
in the way that chemicals react. One pattern that was 
established in the eighteenth century was that many ele- 
ments combine with oxygen to make oxides. Reactions 
between elements and oxygen were called oxidation reac- 
tions. For example, magnesium is oxidised when it burns 
in oxygen, 

2Mg(s) + O,(g) = 2MgO(s) 

and carbon is oxidised in the reaction 

C(s) + O2(g) > CO2(g) 

The opposite process, taking oxygen away from an ele- 
ment, is known as reduction. The simplest method of 
reducing an oxide is to react it with hydrogen. For exam- 
ple, when hydrogen is passed over hot copper() oxide, 
the oxide is reduced: 

CuO(s) + H,(g)— Cu(s) + H,O(g) 

If you look at this equation again you will see that the 
hydrogen has gained oxygen: it has been oxidised. 
Indeed, oxidation and reduction always take place 
together in a reaction. 
Many reactions are more complicated than those we 

have considered so far. For example, ammonia will burn 
in oxygen: 

4NH,(g) + 50,(g) > 4NO(g) + 6H,0(g) 

The nitrogen atom in ammonia loses its hydrogen, while 
at the same time it has gained oxygen. In fact there are 
many reactions that show this pattern: a loss of hydro- 
gen is matched by a gain of oxygen. For this reason we 
can give two characteristics of oxidation is: 

(i) the gain of oxygen, or 

(ii) the loss of hydrogen. 
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Similarly, reduction is: 

(i) the loss of oxygen, 

(ii) the gain of hydrogen. 

Thus far our definitions do show patterns among reac- 
tions, but they are rather restrictive. Only reactions 

involving oxygen or hydrogen are covered. We can 
broaden the definitions to include many more reactions. 
The method is to look at the underlying changes that 
take place in the bonding of the compounds during 
oxidation and reduction. For the oxidation of 
magnesium, the changes involve converting magnesium 
atoms into magnesium ions, Mg?*, and oxygen mol- 
ecules into oxygen ions, O77: 

loss of electrons 

syn 
2Mg(s) + O3(g) —- 2Mg?*0?(s) 

a 
gain of electrons 

The magnesium (which is oxidised) loses electrons, 
while the oxygen (which is reduced) gains electrons. We 
shall now make the generalisation that oxidation occurs 
with the loss of electrons. Thus we have 

Oxidation is (i) the gain of oxygen, 
or (ii) the loss of hydrogen, 
or (iii) the loss of electrons. 

A chemical that is used to oxidise another is an oxidis- 
ing agent. Table 41.1 lists some common oxidising and 
reducing agents. 

Dichromate(vI) ions are released by potassium 
dichromate(vi), K,Cr,O,, in acid solution. The solution 
has a vivid orange colour that turns green when it 
oxidises. The green colour is due to the presence of 
chromium(m) ions, Cr?*, in water. For example, 



Table 41.1. Common oxidising and reducing 
agents 

Oxidising agents Reducing agents 

Oxygen, O, 

Chlorine, Cl, 

Dichromate(v1) ions, Cr,0,7~ 

Hydrogen, H, 

Metals, e.g. Na, K, Mg 

Sulphur dioxide, SO, 

Manganate(vm) ions, MnO, Hydrogen sulphide, H,S 

Cr,0,* (aq) + 3SO,(aq) + 2H* (aq) > 
2Cr’* (aq) + 3SO,?- (aq) + H,O(1) 

Potassium manganate(vm), KMnO,, is a convenient 

source of manganate(vul) ions, MnO,_. In solution it has 
a deep purple colour, and when it oxidises in the 
presence of acid it loses its colour. If it reacts in alkaline 
solution, it gives a clear solution together with a black 
precipitate of manganese(Iv) oxide, MnO,. For example, 
with ethanedioate ions: 

2MnO, (aq) + C,0,?" (aq) + 16H* (aq) > 
2Mn?* (aq) + 10CO,(g) + 8H,O(1) 

Both potassium dichromate(vi1) and potassium 
manganate(vil) solutions are used to test for reducing 
agents. The colour changes are usually very clear. 

Before we go on to the next section, you should be 
careful about one further point: when we call a chemical 
an oxidising or a reducing agent we are speaking in 
relative terms. A chemical we normally call an oxidising 
agent will itself be oxidised if it meets a more powerful 
oxidising agent. Chlorine is a good example. In most of 
its reactions it does oxidise other chemicals. But fluorine 
is a more powerful oxidising agent than chlorine; so if 
the two gases react, it is the fluorine that oxidises the 
chlorine. In that case, chlorine is the reducing agent. 

41.1 Write down definitions of reduction. 

41.2 What are oxidation numbers? 

We know that a substance that loses one or more 
electrons has been oxidised; on the other hand, if it gains 
one or more electrons it has been reduced. For example, 
when sodium and chlorine react, the product is the ionic 
substance sodium chloride. This contains Na* and Cl~ 
ions: 

2Na + Cl, 2Na*Cl- 

When it is unreacted, the sodium is neither oxidised nor 
reduced; we shall say that its oxidation number is 0. 
When it is converted into a positive ion, Na*, we shall 

give it an oxidation number of +1. Similarly, chlorine 
atoms start with an oxidation number of 0 when they are 
present as chlorine molecules, Cl,. After they react, and 

turn into chloride ions, Cl~, we shall give them an oxida- 
tion number of —1. 

You might be able to guess the pattern that we use to 
assign oxidation numbers to atoms when they are 
present as unreacted elements and when they change 
into ions. The rule is: 

An unreacted element has an oxidation 
number of 0. 

An ion has an oxidation number equal to its 
charge. 

Examples illustrating these rules are listed in Table 
41.2. You can see that some elements give more than 
one type of ion. Usually these are the transition elements 
like iron, copper and manganese. However, hydrogen 
can also give two different ions. The most common one 
is the hydrogen ion, Ht, which is found in acidic solu- 
tions. The hydride ion, H_, is found in solid hydrides like 
Na*tH” and K*H” made when hydrogen reacts with 
powerful reducing metals. Likewise, oxygen almost 
always has a charge of —2 when it is in an ionic com- 
pound. The exception is oxygen in peroxides such as 
barium peroxide, BaO,. In peroxides the O,?~ ion is 
present. The average charge on an oxygen atom in this 
ion is — 1, so we give the oxidation number a value of —1 
as well. 

Table 41.2. Oxidation numbers of elements in 

simple ions 

Unreacted Oxidation Ion Oxidation 

element number number 

Hydrogen, H, 0 ler ar ll 
: hie =| 

Oxygen, O, 0 O?- —2 
0,7 —] 

Nitrogen, N, 0 N>- =3 

Chlonnesiael 0 ely —l 

Bromine, Br, 0 Bro =f] 

Sodium, Na 0 Na* +] 

Magnesium, Mg 0 Mg?* +2 

Iron, Fe 0 Fe?* +2 
Fe*t +3 

Copper, Cu 0 Cu* +] 
cuz* +2 

Manganese, Mn 0 Mn?2* +2 
Mn’* +7 

41.3 Oxidation numbers of elements 
in covalent compounds 

We shall now discover how to find the oxidation num- 

ber of an element when it is'in a covalent compound. 
The way to do this is first to pretend that the substances 

Oxidation numbers and oxidation states 235 



is ionic; then ask yourself what ions would be present. 
Look at the first two examples. 

Example 1 

What are the oxidation numbers of hydrogen and 
oxygen in water, H,O? 
We know that hydrogen tends to make H* ions, 

and oxygen O?- ions. Therefore, if water were ionic, 
it would contain H* and O?- ions, and we say that 
the oxidation numbers of hydrogen and oxygen in 
water are + 1 and —2 respectively. Notice that if we 
add all the oxidation numbers together we find that 
they cancel out: 

25% (ah aveck 
two hydrogens 

f2)) aie) 
one oxygen 

This is what should happen if we have done our 
working properly. (A water molecule is electrically 
neutral, so there should be no overall charge.) 

Example 2 

What are the oxidation numbers of the sulphur and 
oxygen atoms in sulphur dioxide, SO,? 

The key to finding the answer in a case like this is 
to start with an element whose oxidation number we 
know with some certainty. Here we shall assume 
that if the molecule were ionic, the oxygen atoms 
would be present as oxide ions, O?-. Given that 
sulphur dioxide contains two oxygen atoms for each 
sulphur atom, there would be two oxide ions in the 
mythical ionic compound. In total the two oxide ions 
carry a Charge of —4. Because sulphur dioxide is 
electrically neutral, the sulphur would have to be 
present as +4 ions. Therefore we say that the sul- 
phur has an oxidation number of + 4. 
We can do a calculation like this in a neater way if 

we use a Special notation. The symbol Ox will stand 
for an oxidation number. Then Ox(Q) stands for the 
oxidation number of oxygen, Ox(Na) for the oxida- 
tion number of sodium, and so on. Because sulphur 
dioxide has no overall charge, 

Ox(S) + 20x(O) =0 
Ox(S) + 2(-2) =0 

Ox(S) —4=0 
Ox(S)=+4 

41.2 What are the oxidation numbers of the ele- 

ments in each of the following compounds: (i) SO,; 
(ii) NH; (iii) NoH,; (iv) CO2; (v) MgCl; (vi) Mn,0,? 
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41.4 Oxidation numbers of elements 

in ions 

Here we shall do three examples, which will show you 
how to work out the oxidation numbers of elements in 

ions. 

Example 3 

What is the oxidation number of phosphorus in 
PO,? ions? : 
We employ the same tactics as in example 2, 

except that we have to leave the ion with its charge 
of —3. Let us assume that oxygen has its normal 
oxidation number. Now if we balance the charges 
we have 

Ox(P) + 40x(O) = —3 
Ox(P) + 4(—2)=—3 

Ox(P)-8=-—3 
Ox(P)=+5 

The oxidation numbers are + 5 for the phosphorus, 
and —2 for each oxygen atom. 

Example 4 

What is the oxidation number of sulphur in the sul- 
phate ion, SO,?-? 
We set out the answer using the same method as 

before: 

Example 5 

What is the oxidation number of sulphur in the 
tetrathionate ion S,0,°-? 
We have 

40x(S) + 6Ox(O) = —2 
40x(S) —12=-—2 

40x(S) = +10 
Ox(S) = +2.5 

The oxidation number of sulphur is 2.5. 

The last result may surprise you because we know that | 
ions cannot have fractions of a positive or negative 
charge. However, oxidation numbers are not properties 
of atoms in the same way as their charge or mass. We 
cannot measure oxidation numbers. They are products 
of our imagination, which, as you will see, happen to be 



useful. Also, in the calculation we have just done, we 
found the average oxidation number of four sulphur 
atoms. If you look at the arrangement of the atoms in the 
ion, 

Opie 

O O 
oSs—s—s—s<o 
O O 

you will see that two sulphur atoms in the middle are 
joined only to other sulphur atoms. This is like the situa- 
tion in pure sulphur, where the oxidation number of a 
sulphur atom would be zero. Only two sulphur atoms 
have oxygen atoms joined to them. If we imagine that 
these two atoms share the charge of + 10 we would have 
two sulphur atoms of oxidation number 0 and two with 
oxidation number + 5. 

41.5 Rules for assigning oxidation 
numbers 

Some atoms have only one oxidation number. For 
example, the Group I metals only ever give ions with a 
charge of +1, hydrogen almost always has the oxidation 
number +1, and oxygen —2. However, as we said in 
section 41.2 there are some exceptions: in particular, 
hydrogen in metal hydrides, and oxygen in peroxides. In 
fact the majority of elements in the Periodic Table show 
more than one oxidation number. It all depends with 
which other elements they are combined. 

There are some guidelines we can use to help in decid- 
ing on an element’s oxidation number. These are listed 
in Table 41.3. 

Some of the molecules and ions made when oxygen 
and another non-metal combine can cause problems if 
you do not stick to the rules. Examples 6 and 7 show you 
the method to employ. 

Table 41.3 Rules for assigning oxidation 
numbers* 

Group I metals +1 

Group II metals +2 

Group II metals +3 

Hydrogen aRll 

—1 in metal hydrides, e.g. NaH 

Oxygen =2) 
—1 in peroxides, e.g. BaO, 

Nitrogen —3 in ammonia and in nitrides, e.g. Mg3N>; 
varies when in combination with oxygen 

Halogens —1] in direct combination with metals; 
varies when in combination with oxygen 

and in interhalogen compounds such as 
rel 

*Where there is doubt, the more electronegative atom 
usually takes the lower oxidation number 

Example 6 

What is the oxidation number of chlorine in Cl,0,? 
We start by writing down the oxidation number 

equation and giving oxygen its normal oxidation 
number of —2. 

20x(Cl) + 70x(O) =0 
20x(Cl) —-14=0 

Ox(Cl) = +7 

The oxidation number of the chlorine is +7. 

Example 7 

What is the oxidation number of each of the atoms in 
POCI,? 

Here it helps to know the structure of the mol- 
ecule. The oxygen and chlorine atoms are com- 
bined with the phosphorus atom, but not with each 
‘other. Therefore, we assign —2 to the oxidation 
number of oxygen, and —1 to that of chlorine. Doing 
the arithmetic, we have 

Ox(O) + 30x(Cl) + Ox(P) =0 
os + Sgutoxip) 20 

Ox(P) = +5 

41.3. What are the oxidation numbers of the ele- 

ments in the following ions: (i) S,0,?~; (ii) HC,O,7; 
(ii) HPO.*— 72 

41.4 What is the oxidation number of oxygen in 

Na,O and Na,O,? 

41.6 Oxidation states 

You will have met the names of chemicals like copper(I) 
sulphate, or perhaps iron(m) chloride. The number in 
brackets is the oxidation state of the element. The oxida- 
tion state is always written as a Roman numeral, but it is 
only another way of telling us the oxidation number. For 
example, copper(I) sulphate contains copper as Cu**t 
ions, and if it were ionic there would be Fe’* ions in 
iron(m) chloride. Transition metals in particular can 
exist in a variety of oxidation states. The oxidation state 
in the name gives us a guide to the nature of the metal 
ion in the compound (Table 41.4). For example, cop- 
per(1) oxide will have Cut ions present, and the formula 
of the oxide is Cu,O0. (We need two single positively 
charged ions to balance the —2 charge on the oxide ion.) 
On the other hand, copper(II) oxide contains Cu’* ions, 
and its formula is CuO. 

The names of transition metal compounds can be quite 
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Table 41.4. The names and formulae of ions and 

acids* 

Metal ions Formula Non-metal-ions Formula 

Aluminium INE Bromide Br 
Bismuth(1) Bi’? Chloride elle 
Calcium Gas* Fluoride F- 
Chromium (11) Grea Hydride ge 
Chromium (vt!) Ge Hydrogen ate 
Copper(1) Cur Iodide I 
Copper(i) eur Oxide (Ons 
Iron(1) eee Peroxide On 
Iron (ti) reas Sulphide Sa 
Lead (11) Pb?* 
Lead(Iv) Pbet 
Magnesium Mg?* 
Manganese (I!) Mn?* 
Potassium kes 
Sodium Na‘ 
Zinc Tesi 

Oxoanions Formula Acids Formula 

Bromate (1) BrO- Bromic(1) HBrO 

Bromate(v) Bro; Bromic(v) HBrO, 

Carbonate COs-e Carbonic ACOs 
Chlorate (1) ClO~ Chloric(1) HClO 

Chlorate(v) ClOza Chloric(v) HClO, 
Chlorate(vm) Clow Chloric(vu) HClO, 
Chromate (v1) CrOra Chromic(v1) H,CrO, 
Dichromate(v1) CEO r Iodic HIO; 
Iodate(v) LOSS; Nitric HNO, 
Nitrate NO, Nitrous HNO, 

Nitrite NO,_ Phosphoric(v) H,PO, 
Phosphate (v) Ona Sulphurous H,SO, 
Sulphite SOs Sulphuric H,SO, 
Sulphate SOne 
Peroxodisulphate(v1) $203” 
Thiosulphate S,0,”" 

*Oxoanions are negative ions that contain oxygen 
A positive ion that is often found in solution is the oxonium 

(or hydronium) ion, H,O* 
Hydrochloric acid consists of hydrogen chloride, HCl, in 
water 

confusing at first. You will find information about this in 
Unit 105, but here we shall look at two substances that 
are often used as oxidising agents. They are potassium 
manganate(vil), KMnO,, and potassium dichromate (V1), 
K,Cr,0,. To see why the oxidation state of the 
manganese is VII, we put 

Ox(K) + Ox(Mn) + 40x(O) =0 
1 + Ox(Mn) — 8=0 

Ox(Mn) = + 7 

Similarly, for potassium dichromate(v1): 

20x(K) + 20x(Cr) + 70x(O) =0 
2+20x(Cr) —14=0 

20x(Cr) = +12 
Ox(Cr) = +6 

which gives us the oxidation state of VI. 
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Oxidation states are sometimes written for ions that do 
not contain transition metals; for example, the 

bromate(v) ion, BrO,~. The oxidation number equation 
for this ion is 

Ox(Br) + 30x(O)=—1 

Ox(Br) -6=—1 

Ox(Br) = +5 

which agrees with the oxidation state of v written in the 
name of the ion. 
When you see the ending ‘ate’ in a name it always 

means that the substance contains oxygen; e.g. 
bromate(v), dichromate(v1) and manganate(vl) ions. 
This is a clue we can use to work out the name of an ion 
if we are given its formula. 

Example 8 

What is the name of the CIO” ion? 

We have 

Ox(Cl) + Ox(O) = —1 
Ox(Cl) —2=—1 

Ox(Cl) = +1 

Given that the ion contains chlorine and oxygen it 
will be a chlorate ion, and we have shown that the 
oxidation state is |; hence the complete name is 
chlorate(!) ion. (The name ‘hypochlorite ion’ was 
once used.) 

41.5 What is the formula of (i) iron(il) chloride, 
(ii) iron(it) chloride and (iii) copper(I!) nitrate? 

41.6 What is the oxidation state of 

(i) the chromium atom in Cr(H,O),°*; 

(ii) the copper atom in Cu(NHs),?*; 

(iii) the nickel atom in Ni(NH,)>Cl.? 

(Hint: are the water and ammonia molecules in these 
ions charged?) 

41.7 Using oxidation numbers with 
equations 

Many, but not all, reactions are redox reactions, i.e. they 
involve a combination of oxidation and reduction. For 
example, the reaction between sodium and chlorine is a 
redox reaction. We have seen that the oxidation number 
of the sodium changes from 0 to + 1. This represents the 
loss of one electron, from each atom. Conversely the 
oxidation number of the chlorine goes down, from 0 to 
—1. Indeed, it is a rule that: 



Now we come to the point where we shall use oxida- 
Oxidation involves an increase in oxidation tion numbers to balance equations. Example 10 will 
number. show you the method. 

Reduction involves a decrease in oxidation 
number. | 

/ 
A change in oxidation number of one unit 
represents the apparent! transfer of one 
electron from one atom or group to another. 

It is worth noting that atoms in a high oxidation state 
(i.e. with a high oxidation number) are likely to be 
strong oxidising agents. They are likely to take electrons 
and move to a lower oxidation state. 
We can use the rules to help us decide whether a 

reaction is a redox reaction. Indeed: 

| The key to deciding if a reaction is a redox 
reaction is to look for changes in oxidation 
numbers. 

Example 9 

Which of the following are redox reactions? 

(i) H2(g) + Cl,(g)— 2HCI(g) 
(ii) NaOH(aq) + H,SO,(aq) > NaHSO,(aq) + H,0()) 

(iii) KCl(aq) + AgNO,(aq) > AgCl(s) + KNO,(aq) 
The first thing to do is to work out the oxidation 

numbers of the elements in each equation. If there is 
a change in oxidation number from one side of the 
equation to the other, then we have a redox reac- 
tion. We shall write the oxidation numbers below 

each element, and with the formulae stretched out: 

(i) fia(g) + eee et pe 

Here there is a change in oxidation number. This is 
a redox reaction. 

(ii) Na O H(aq)+H, S O,(aq)>_ 
+1 =-2 +1 eC ase Yor 

Na H S O,(aq) + H,O(I) 
+1 +14+6-2 +1-2 

+ 
> 

There is no change in the oxidation numbers. This is 
not a redox reaction. It is best regarded as an acid— 
base (neutralisation) reaction. ; 

+ (iii) K Cl(aq)+Ag N O,(aq)—> 
weit ead sag epee 2 

Ag Cl(s)+K N Os(29)., 
#4 1 +1745 > 

Again there is no change in oxidation number, so 
this is not a redox reaction. It is a precipitation reac- 
tion (used in the test for a chloride). 

Example 10 

Manganate(vil) ions, MnO,~, react with iron(i!) ions 
in acid solution to give iron(il) ions and 
manganese(I|) ions. What is the equation for the 
reaction? 

The two important changes, together with the 
oxidation numbers, are 

Mn O,°>—Mhn?* and Fe?* > Fest 
ae Tf ae 2 ape +3 

Decrease (—5) in ox. no. Increase (+1) in ox. no. 

We can see that one manganate(vil) ion can accept 
(or take) five electrons. (This is why it is sometimes 
called a five-electron oxidising agent.) On the other 
hand, a single iron(i!) ion can only give up one 
electron. Therefore, if we are to keep a balance in 
the changes in oxidation numbers, it must be that 
one manganate(VIl) ion reacts with five iron(il) ions. 
Now we can begin to write the equation for the 
change: 

MnO,” + 5Fe?+ — Mn?+ + 5Fe’+ 

However, this is not balanced. Two things are 
wrong. First, the charges do not match on each side 
of the equation; secondly, the oxygen atoms do not 
appear on both sides. The clue to putting both of 
these matters right is given to us in the question: the 
reaction takes place in acid conditions. Indeed, 
there is a rule of thumb in balancing this type of 
equation, which tells us to add sufficient hydrogen 
ions to convert all the oxygen to water. We car do 
this by adding eight hydrogen ions to the left-hand 
side: 

MnO,” + 5Fe*+ + 8H*— Mn?* + 5Fe* + 4H,O 

Now the equation is balanced, in terms of both 
charge and number of atoms. To be really respect- 
able we should add the state symbols to the 
chemicals: 

MnO, (aq) + 5Fe?* (aq) + 8H* (aq) 
Mn?* (aq) + 5Fe** (aq) + 4H,O(I) 

Example 11 

What is the equation for the reaction between acidi- 
fied dichromate(vi) ions, Cr,0,?~, and sulphur diox- 
ide solution? The chief products are chromium(li!) 
ions and sulphate ions, SO,?-. 

As in the last example, we write down the two 
main changes. 
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Cr, 0,7 —>2Cr* and S 0O,—S 0,- 
2x(+6) 2x(+3) eG 
=+12 =+6 
Decrease (—6) in ox. no. Increase (+2) in ox. no. 

This tells us that one Cr,O,?~ ion is capable of 
oxidising three molecules of SO.. (It is a six-electron 
oxidising agent.) Now we begin to write the 
equation: 

Cr,0;7- +3S0,-5 2Ce* + 3S0,2— 

Again the oxygen atoms and the charges are 
unbalanced, so we add hydrogen ions to the left- 
hand side. We can work out how many hydrogen 
ions to add by checking either the oxygen atoms or 
the charges. To be on the safe side we shall do 
both. First, the oxygen atom balance. On the left- 
hand side there are a total of 13 oxygen atoms, and 
on the right there are only 12. We can supply the 
missing atom by assuming that it is converted into a 
water molecule by hydrogen ions. Each water mol- 
ecule requires two hydrogen atoms for each oxygen 
atom. Therefore we add two hydrogen ions to the 
left-hand side: 

Cr,0,2- + 3SO, + 2H* > 2Cr+ + 3S0,2- +H,O 
Now the second method, where we concentrate on 
the charges. In the incomplete equation there is an 
overall charge of —2 on the left-hand side, and a 
charge of zero on the right-hand side. In order to 
balance the charges we add two positive charges to 
the left-hand side. These charges come in the guise 
of two hydrogen ions, Ht. We have produced the 
same equation as in the first method, 

Cr,0,?- (aq) + 3SO.(aq) + 2H* (aq)— 
2Cr** (aq) + 3SO,?" (aq) + H2O(I) 

but this time we have added the state symbols. 

41.7 Which of the following equations represent 
redox reactions? 

(i) BaCl,(aq) + H,SO,(aq) > BaSO,(s) + 2HCI(aq) 

(ii) ClO;- (aq) + 3Zn(s) + 6H * (aq) > 
Cl (aq) + 3Zn?* (aq) + 3H,O0(I) 

(iii) 2Cu?*+ (aq) + 41- (aq) 2Cul(s) + I,(aq) 

If it is a redox reaction, identify the oxidising agent 
and the reducing agent. 

41.8 Which is likely to be the stronger oxidising 
agent: lead(i!) oxide, PbO, or lead(Iv) oxide, PbO,? 
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41.9 Use the following information, and your know- 
ledge of oxidation numbers, to write balanced equa- 
tions for the reactions involved. 

(i) In acidic solution, manganate(vi!) ions oxidise sul- 
phite ions, SO,2-, to sulphate, SO,?-. The 
manganese is left as Mn?* ions. 

(ii) Again in acid solution, manganate(vil) ions 
oxidise C,0,?- ions to carbon dioxide. Mn?* ions are 
left in solution. 

(iii) In acid solution, dichromate(v!) ions oxidise tin(|!) 
to tin(iv) ions. Chromium(l|) ions are also produced. 

(iv) Also in acid solution, dichromate(vi) ions oxidise 
iodide ions to iodine with chromium(III) ions 
remaining. 

41.8 Half-equations 

Before we leave the subject of equations, you will find it 
useful to know about half-equations. Two half-equa- 
tions add up to give the whole equation for a redox 
reaction. They can be built up by using oxidation num- 
bers. We shall build the half-equations for the reaction 
between manganate(vil) ions and iron(m) ions, which 
we discussed in example 10. 
We said that the change of a MnO,” ion into a Mn’t 

ion requires the gain of five electrons. (There is an oxida- 
tion number change of + 7 to + 2.) We also said that the 
oxygen in the MnO, ion is converted into water, which 
needs the addition of 8H* ions. Both pieces of informa- 
tion are summarised in the half-equation: 

MnO, (aq) + 5e~ + 8H* (aq) > Mn?* (aq) + 4H,0(1) 

The half-equation for the conversion of Fe?* into Fe’* is: 

Fe?* (aq) > Fe?** (aq) + e~ 

We obtain the full equation by scaling up the second 
half-equation by five, to give 

5Fe?* (aq) > 5Fe** (aq) + 5e7 

and then adding the first half-equation: 

MnO, (aq) + 5e” + 8H* (aq) > Mn?* (aq) + 4H,O0(1) 
5Fe?t (aq) > 5Fe** (aq) + 5e7 

MnO, (aq) + 5Fe?* (aq) + 8H* (aq) > 
Mn?* (aq) + 5Fe** (aq) + 4H,O(1) 

The 5e~ cancels out as it appears on both sides of the 
final equation. If two half-equations have been drawn 
up properly, the number of electrons should always 
cancel. 

You will find that half-equations are very useful in 
working with electrochemical cells; see Unit 66. 



41.10 Work out the half-equation for each of the 
changes below, and give the overall equation. 

(i) Titanium(t), Titt, ions can be reduced to 
titanium(!!), Ti?*, by silver, Ag. The silver changes into 
Ag*. 

(ii) Acidified dichromate(vi) ions, Cr,0,?-, can 
oxidise sulphite ions, SO,2-, to sulphate, SO,?-. The 
chromium is left as chromium(ltI) ions, Cré+. (First, 
decide on the oxidation number of sulphur in the sul- 
phite and sulphate ions. Then assume that the extra 
oxygen in each sulphate ion is obtained from a sul- 
phite ion and a passing water molecule.) 

41.11 When manganate(vil) ions act as oxidising 
agents in alkaline solution they are converted into the 

Answers 

41.1 Reduction is (i) the loss of oxygen, or (ii) the gain 
of hydrogen, or (iii) the gain of electrons. 

Notice that oxidation and reduction are opposites, or 
inverses of each other. If you have to learn these defini- 
tions, only commit one set firmly to memory. If you need 
the second definition, work it out from the one you know. 

41.2 \neach of these examples, oxygen has the oxida- 
tion number —2 and hydrogen +1. The others are: (i) 
sulphur, +6; (ii) nitrogen, —3; (iii) nitrogen, —2; (iv) car- 
bon, —4; (v) magnesium, +2; (vi) manganese, +7. 

41.3 The oxidation number of hydrogen is always +1 
and oxygen —2 in these ions. 

(i) 20x(S) + 30x(O) = —2 
gives Ox(S) = +2; 

(ii) | Ox(H)+2O0x(C) + 40x(O) = —1 
+1+20x(C)—-8=-1 

gives Ox(C) = +3; 

(iii) | Ox(H) + Ox(P) + 30x(O) = —2 
+1 +Ox(P)-—6 =-2 

gives Ox(P) = +3. 

41.4 In Na,O we have oxide ions, O?-, in which the 
oxidation number is —2. Na,O, is a peroxide, which con- ° 
tains the O,?" ion; here the oxygen has oxidation num- 
ber —1. 

41.5 (i) FeCl,; (ii) FeCl,; (iii) Cu(NOs)>. 

41.6 (i) The water molecules are neutral so they make 
no difference to our count of charges, i.e. Ox(H,O) = 0. 
For example, Ox(Cr)+6Ox(H,0)=+3 becomes 
Ox(Cr) = + 3. This is a chromium(I!) ion. 

(ii) Like water, Ox(NH3)=0, so Ox(Cu)= +2. This is a 
copper(il) ion. 

(iii) Here, Ox(Ni) + 2Ox(NH,) + Ox(Cl) = 0. But, 
Ox(NH,) = 0 and Ox(Cl) = —1, which gives Ox(Ni) = + 2. 
We have a nickel(II) compound. 
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black solid manganese(Iv) oxide, MnO,, rather than 
Mn?* ions. 

(i) Write down the half-equation for the conversion of 
MnO,~ ions into MnO,. (Be careful, you will find that 
‘alkaline’ is best regarded as ‘not very acidic’.) 

(ii) Write down the half-equation for the conversion of 
ethanedioate (oxalate) ions, C,0,?-, into carbon diox- 
ide, CO. 

(iii) What is the full equation for the reaction between 
ethanedioate ions and alkaline manganate(vil) ions. 

(iv) This reaction is not normally done in the 
laboratory. It is much more common to use acidified 
manganate(vil). In acid solution the colour change is 
pink to clear. What would you expect to see using an 
alkaline solution? 

41.7 (i) This is a precipitation reaction, not a redox 
reaction. 

(ii) The quickest way of deciding this is to notice that the 
zinc atoms are converted into zinc ions. The oxidation 
number changes from 0 to +2; so the zinc atoms have 

lost electrons. They have been oxidised by the 
chlorate(v), ClO,°, ions. Notice that the chlorine in the 
ClO; has the high oxidation number of +5; so we 
should not be surprised to find that it is an effective 
oxidising agent. As the zinc atoms have given up 
electrons, they are the reducing agents. Metals are 
almost always reducing agents. 

(iii) This too is a redox reaction. The copper(I!) ions are 
converted to copper(!) ions. They have been reduced. 
Some, but not all, of the iodide ions, which start with an 
oxidation number of —1, are converted to neutral iodine 
molecules, which have an oxidation number of 0. These 

iodide ions have been oxidised. Thus, here Cu?* ions 

are oxidising agents, and |" ions are reducing agents. 

41.8 Lead(iv) oxide should be the better oxidising 
agent because the lead is in the higher oxidation state. 

41.9 

(i) Mn O,- —>Mn?* and S 0,2-—S 0,77 
+/ +2 +4 +6 

Decrease (—5) in ox. no. Increase (+2) in ox. no. 

This shows that one MnO, will oxidise two-and-a-half 
SO,”" ions. However, it is more sensible to say that two 
MnO, will oxidise five SO? ions. This gives 

2MnO,- + 5SO,?- > 2Mn?* + 5SO,2— 

In order to balance the charges in the equation we must 
add six positive charges to the left-hand side. This is 
where we add hydrogen ions: 

2MnO,, (aq) + 5SO,7 (aq) + 6H*(aq)— 
2Mn?* (aq) + 5SO,? (aq) + 3H,O(I) 
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(ii) Mn O,-—Mn?* and C,0,7— 2C0O, 
+7 +2 2x(+3) 2x (+4) 

=+6 =+8 
Decrease (—5) in ox. no. Increase (+2) in ox. no. 

This is a similar pattern to that in part (i): 

2MnO,~ + 5C,0,?- > 2Mn?* + 10CO, 

This time we have to add 16H* to balance the equation. 

2MnO,, (aq) + 5C30,? (aq) + 16H*(aq)—> 
2Mn?* (aq) + 10CO,(g) + 8H,O(1) 

ii) > Cre, O77 = 2Cr Vand snes on. 
2x (+6) 2x(+3) +2 +4 
=+12 =+6 

Decrease (—6) in ox. no. 

We now know that one Cr,0,? will oxidise three Sn?* 
ions, so the equation begins with 

Cr,0379+4 3S" =2Cr 4 SsSn 

Adding 14H* balances it: 

Cr,O0,2- (aq) + 3Sn?* (aq) + 14H*(aq)—> 
2Cr°*(aq) + 3Sn** (aq) + 7H,O(I) 

Oss 26 

Increase (+2) in ox. no. 

and |- (iv) Crs => a, 
2x(+6) 2x(+3) =f 0 
=+12 =+6 

Decrease (—6) in ox. no. Increase (+1) in ox. no. 

The pattern is similar to the previous example. One 
Cr,0,?- will oxidise six I” ions: 

Gr.077) + 61 = 2Gr + 35 

As before, we add 14H’: 

Cr,0,? (aq) + 61 (aq) + 14H*(aq)—> 
2Cr** (aq) + 31,(s) + 7H,O(I) 

41.10 (i) Ti**(aq) +e —Ti?* (aq) 

Ag(s)— Ag* (aq) +e 

Overall, 

Ti** (aq) + Ag(s)— Ti?* (aq) + Ag* (aq) 

(ii) Cr,07* (aq) + 6e~ + 14H* (aq) — 2Cr** (aq) + 7H,O(I) 

The oxidation number change is from +4 in SO,” to +6 
in SO,?-. This means that we transfer two electrons. The 
oxygen imbalance is sorted out by adding in a water 
molecule: 

SO, (aq) + H,O(l)  SO,? (aq) + 2e~ + 2H* (aq) 

We find the overall equation by adding the first to three 
times the second. . 

Cr,0,? (aq) + 6e~ + 14H* (aq) — 2Cr** (aq) + 7H,O(l) 

3S0,7 (aq) + 3H,O(I) > 3SO,? (aq) + 6e- + 6H*(aq) 

Cr.0,? (aq) + 3SO,7 (aq) + 8H* (aq) > 

2Cr°* (aq) + 3SO,? (aq) + 4H,O(I) 

41.11 

(i) MnO, (aq) + 5e~ + 8H* (aq) Mn?* (aq) + 4H,O(I) 

(ii) C,0,?- (aq) > 2CO,(g) + 2e7 

(iii) Here we can cancel the numbers of electrons by 
taking twice the first half-equation and adding five times 
the second: 

2MnO, (aq) + 10e° + 16H*(aq)— 2Mn** (aq) + 8H,O(I) 
5C.0,? (aq) —>1 0CO,(g) aS 1 Oe7 

2MnO,, (aq) + 5C,0,? (aq) + 16H*(aq)—> 
2Mn** (aq) + 8H,O(l) + 10CO.(g) 

(iv) Black particles of manganese(iv) oxide appear. 

UNIT 41 SUMMARY 

® Oxidation is: 

(i) The gain of oxygen. 
(ii) The loss of hydrogen. 
(iii) The loss of electrons. 
(iv) Increase in oxidation number. 

@® Reduction is the converse of oxidation. 

® Anunreacted element has an oxidation number of 0. 

@ An ion of an element has an oxidation number 

equal to its charge. 
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e A change 
represents the apparent transfer of one electron 
from one atom or group to another. 

® The oxidation state of an element is written as a 

Roman numeral (in brackets). It provides the 
value of the oxidation number. 

in oxidation number of one _ unit 



Energy changes 

42.1 Energy changes and chemical 
bonds 

Coal is one of the oldest fuels known. At a high enough 
temperature, many of the organic chemicals in coal react 
with oxygen in the air. The bonds between the carbon, 
hydrogen and other atoms in coal break (Figure 42.1) 
and the atoms then join with oxygen atoms to make 
smaller molecules like carbon dioxide, water, sulphur 
dioxide and so on. 

If we are to break the atoms in coal apart from one 
another, we have to put energy in to the coal. However, 

we know that when coal burns energy is given out. The 
source of this energy is the strength of the bonds made 
when the carbon dioxide and other molecules are 
formed. When bonds are made, energy is given out. For 
coal, more energy is produced by making the bonds in 
the products of the reaction than is needed to break the 
bonds in coal and oxygen molecules. The pattern is: 

Bonds broken-—> energy taken in. 

Bonds made-— energy given out. 

Figure 42.1 The diagram shows a typical part of the structure of coal. Note that, to avoid cramping the diagram, —H, is used to 

indicate two —H on the same (carbon) atom. (Diagram taken from: Hall, N. F. (1984). Experimental demonstration of coal 

structure, Education in Chemistry, July) 
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42.2 Energy changes and energy 
diagrams 

You should be familiar with the idea of showing energy 
levels on a diagram. Here we can use similar diagrams to 
give us a visual impression of the energy changes that 
take place when chemicals react. In the case of coal, we 
know that energy is given out when it reacts with 
oxygen (Figure 42.2). We can summarise this in a word 

equation: 

energy locked up __ energy in the heat 

in the bonds in -— bonds of CO,, + energy 
coal and oxygen H30, etc. given out 

or, in general, 

energy of _ energy of _ heat 
reactants products energy 

Energy 
Coal + oxygen 

Energy released 

Carbon dioxide and other products 

Figure 42.2 The energy diagram for coal burning has the 
products lower in energy than the reactants. This is an 
exothermic reaction 

The products have a lower energy than the reactants. 
This is shown in Figure 42.2. A huge number of chemical 
reactions have a similar energy diagram. Two examples 
are shown in Figure 42.3. At one time it seemed so 
obvious that the products of a chemical reaction would 
have less energy than the reactants that all chemical 
reactions were believed to behave in this way. 

However, there are many exceptions. For example, if 
you take some sodium hydrogencarbonate and dissolve 
it in water, you will find that the temperature of the 
solution goes down. Here heat is being taken in, or 
absorbed, during the reaction. Another reaction that 
absorbs heat is produced by mixing ammonium thio- 
cyanate, NH,SCN, and barium hydroxide, Ba(OH),. A 
suitable thermometer placed in the mixture will easily 
record temperatures as low as — 10°C (263 K). (Warning: 
You should not attempt to carry out this reaction your- 
self. Barium hydroxide is extremely poisonous. Great 
care should be taken with its use.) 

The energy diagrams for these reactions all have the 
products at a higher level than the reactants (Figure 
42.4). 
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Energy 

Mg(s) + 202(9) 

602 kJ released 

MgO(s) 

Energy 

Na(s) + 3Clo(g) 

411 kJ released 

NaC\(s) 

Figure 42.3 The energy level diagrams for making 
magnesium oxide and sodium chloride from their elements 
show the products to be lower in energy than the reactants. 
Both reactions give out energy 

Energy 

NaHCO,(aq) 

Energy taken 
in 

NaHCO,(s) + H,O(I) 

Energy 
NH3(g) + other products 

Energy taken 
in 

Ba(OH),(s) + NH,SCN(s) 

Figure 42.4 The energy diagram for sodium hydrogen- 
carbonate dissolving in water shows that the solution is higher 
in energy than the solid and water separately. In this case the 
change takes in energy from the surroundings. It is an endo- 
thermic change. Similarly, the reaction between barium 
hydroxide and ammonium thiocyanate is also endothermic. 
(Note: the diagrams are not drawn to scale) 



42.3 Exothermic and endothermic 
reactions 

Reactions that give out heat are called 
exothermic reactions. 

Reactions that take in heat are called 
endothermic reactions. 

(In giving these definitions we assume that we do not 
interfere with the reactions, e.g. by compressing gases.) 

Endothermic reactions really do occur. This presents 
us with a problem. If we think about a ball at the top ofa 
hill, we are not surprised if it rolls downwards, so reduc- 
ing its potential energy. However, we would be 
immensely surprised if the ball, of its own accord, rolled 
from the bottom of the hill up to the top. This is just the 
sort of thing that may seem to be happening in an endo- 
thermic reaction. Figure 42.5 summarises exothermic 
and endothermic reactions. 

Energy Reactants 

Energy 
given 
out 

Products 

Exothermic 
reaction 

Energy Products 

Reactants 

Endothermic 
reaction 

Figure 42.5 The majority of reactions are exothermic: the 
products are lower in energy than the reactants. Exothermic 
reactions give out energy. Some reactions are endothermic: 
the products are higher in energy than the reactants. Endo- 
thermic reactions take in energy 

In the next few units we shall seek an explanation of 
this and similar puzzles. 

42.1 In an exothermic reaction, how do the 
strengths of the bonds in the reactants compare with 
the strengths of the bonds in the products? 

42.2 Make a similar comparison for the strengths of 
the bonds involved in an endothermic reaction. 

42.3 You would not be the first person to think there 
is something very strange about endothermic reac- 
tions. (We have already said that at one time it was 
thought that such reactions were impossible.) One 
student made this comment: ‘If heat is taken in during 
a reaction, surely the temperature of the chemicals 
should go up, not down.’ Can you help the student to 
understand what is happening? (Hint: look at your 
answer to question 42.2.) 

42.4 Draw an energy diagram for petrol burning in 
air. 

Answers 

42.1 The bonds in the products are (overall) stronger 
than in the reactants. The stronger the bonds that are 
made, the more energy is released. 

42.2 The reverse is true: overall the bonds in the prod- 
ucts are weaker than in the reactants. 

42.3 The energy taken in is being used in breaking 
bonds, i.e. it is not getting the chance to appear as heat. 

42.4 The diagram is shown in Figure 42.6. 

Energy Petrol + oxygen 

Energy given out 

Carbon dioxide 
+ water vapour 
+ other products 

Figure 42.6 Energy diagram for petrol burning 
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UNIT 42 SUMMARY 

@ Bonds broken mean that heat is taken in. @ Reactions that take in heat are called endothermic 

@ Bonds made mean that heat is given out. reactions. 

® Reactions that give out heat are called exothermic 

reactions. 
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Enthalpy 

43.1 What is enthalpy? 

In the last unit we saw that there are two types of energy 
changes in chemical reactions: exothermic and endo- 
thermic. Here we are going to be more precise and refer 
to them as heat changes. To begin with, we should 
understand how heat changes are measured. A typical 
example is determining the heat given out when zinc 
metal reacts with copper(I) sulphate solution. The reac- 

Panel 43.1 

Measuring the heat change when zinc reacts 
with copper(il) sulphate solution 
The reaction that takes place is 

Zn(s) + CuSO,(aq)—> ZnSO, (aq) + Cu(s) 
or 

Zn(s) + Cu?* (aq) > Zn?* (aq) + Cu(s) 

In a typical experiment, we might place 100 cm? 
of 0.5mol dm~* CuSO,(aq) in an expanded poly- 
styrene beaker, and measure its temperature (Figure 
43.1). Enough powdered zinc would be tipped into 
the solution to make sure that all the Cu** ions are 
changed into copper metal. The temperature 
increases, and we would record the maximum 
temperature reached. A_ typical change in 
temperature is from 18°C to 42°C, i.e. 24°C or 24K. 

Notice that the temperature is measured; we have 
to calculate the heat change. To do this we need to 
know the heat capacity, or the specific heat capacity, 
of the mixture in the beaker. The heat change is 
given by 

heat change = heat capacity x change in temperature 

Or 

leat. specific heat . change in 
mass X 

change capacity temperature 

In this case we assume that the heat capacity of 
the mixture in the beaker is equal to that of 100 cm? 

tion that takes place is between zinc atoms and cop- 
per(il) ions, Cu?*: 

Zn(s) + Cu?* (aq) — Zn?* (aq) + Cu(s) 

The experiment is described in panel 43.1 and Figure 
43.1. When 1 mol of copper ions is converted into cop- 
per metal, approximately 210kJ of energy is released: 
the reaction is exothermic. This information allows us to 
draw up the energy diagram of Figure 43.2. 

of water, which has a mass of 100g (0.1 kg). The 
specific heat capacity of water is 4.18kJ kg"! K™!. 
Therefore we have 

heat change = 0.1 kg X 4.18 kJ kg"! K"! X 24K 
= 10.03 kJ 

Now, this amount of heat is liberated when the 
copper ions in 100 cm? of 0.5 mol dm~* copper(t) 
sulphate solution are converted into copper metal. 

1000 cm? of 1.0mol dm~* CuSO,(aq) contains 
1 mol of Cu?* ions 

1000 cm? of 0.5 mol dm~* CuSO,(aq) contains 
0.5 mol Cu?* ions 

1 cm? of 0.5mol dm~* CuSO,(aq) contains 
0.5/1000 mol Cu?* ions 

100 cm? of 0.5 mol dm~* CuSO,(aq) contains 
100 x 0.5/1000 mol Cu?* ions, i.e. 0.05 mol 

Therefore, the heat change for 1 mol of Cu** ions 
is 

heat change = 10.03 kJ/0.05 mol 
=200.6kJ mol! 

You will discover in the main text that this heat 
change is called the enthalpy change, AH. Also, the 
convention is to show an exothermic enthalpy 
change as a negative number. So, finally we have 

AH=—200.6kJ mol’ 

Enthalpy 247 



<————_ Polystyrene cup 

Copper(i!) sulphate 
solution 

Zinc powder 

Figure 43.1 A simple apparatus for determining the enthalpy 
change in the reaction between zinc and copper(ii) sulphate 

solution 

Energy 

Zn(s) + Cu?* (aq) 

210 kJ released 

Zn** (aq) + Cu(s) 

Figure 43.2 Energy diagram for the reaction between zinc 
metal and copper ions in solution 

As in the last unit we can see from the diagram that 
the products of the reaction, Zn**(aq) and Cu(s), have 
less energy than the reactants, Cu**(aq) and Zn(s). Part 
of the energy stored in the reactants has been lost to the 
outside world as heat. There is a convention to show 
when reactants Jose energy in a reaction. We show the 
heat change as a negative number. 

Also, when reactions take place under the ordinary 
conditions of an open laboratory where the air pressure 
is constant, the heat change is called the enthalpy change 
of the reaction. That is: 

An enthalpy change is a heat change that 
takes place at constant pressure. 

The symbol for enthalpy is H, and a change in 
enthalpy is shown using the Greek capital letter delta, A, 
in front of the H, like this: AH. 
We can put these two extra pieces of information 

together by writing the enthalpy change for the reaction 

Zn(s) + Cu?* (aq) > Zn?* (aq) + Cu(s) 

as AH=—210kJ mol"!. 
An even shorter way of writing this is to include the 
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details of the enthalpy change alongside the equation 
like this: 

Zn(s) + Cu?* (aq) > Zn?* (aq) + Cu(s); 
AH= —210kJ mol 

43.2 Enthalpy and standard states 

Enthalpy values can be measured for many reactions, 
and you will discover that we can even calculate 
enthalpy changes for reactions that do not occur. By 
performing reactions at different pressures, it has been 
discovered that AH changes with pressure. Some reac- 
tions have a smaller AH at a higher pressure than at a 
lower pressure; some show the opposite behaviour. In 
order to make comparisons of AH values, it is important 
that everyone knows what pressure is used. The conven- 
tion is to choose a pressure of 1 atmosphere (in non SI 
units), 101.325 kPa in SI units, as the standard pressure. 

Values of enthalpy changes that are measured at the 
standard pressure (or corrected to apply to this condi- 
tion) are called standard enthalpy changes. Standard 
enthalpy changes are given a special symbol: AH®. 

Similarly, enthalpy values can change with 
temperature, and it is accepted that whenever possible 
enthalpy changes should refer to the change taking place 
at 25°C, i.e. 298K. When this is done we have yet 
another special symbol: AH®(298 kK). 

For our zinc and copper(il) sulphate reaction, to be 
precise, we write 

Zn(s) + Cu?* (aq) > Zn?* (aq) + Cu(s); 
AH®(298K) =—210kJ mol"! 

However, it can become tedious to keep writing in the 
temperature. From now on we shall always assume that 
enthalpies refer to 298K, so the extra information in 
brackets will be left out. 

Look at the enthalpy changes for these equations: 

3N,(g) + 3H,(g) > NH3(g); AH® = —46.0kJ mol"! 

N,(g) + 3H2(g) > 2NH;(g); AH®=—92.0 kimmnetss 

The first equation gives the standard enthalpy change for 
the production of 1 mol of ammonia. The second gives 
the standard enthalpy change for the production of 2 mol 
of ammonia. This is the reason why the second value is 
twice the first. Notice that the units of AH® remain as kJ 
mol7!. We shall always assume that the AH® value by 
the side of an equation refers to the quantities shown in 
the equation. For example, 

3H,(g) +3Cl,(g) > HCl(g); AH®=—92.3kJ mol? 
H,(g) + CL,(g) > 2HCl(g); AH®=—184.6kJ mol"! 

In some books you may find, correctly, that these 
values are called molar standard enthalpy changes, and 
given the symbol AH®,. However, we shall not worry 
about the subscript, m. On the other hand, we shall use 
subscripts to emphasise special types of enthalpy 
changes; for example, AH@ will stand for the standard 
enthalpy change of combustion of a compound. 



43.1 Na(s) +3Cl.(g)— NaCl(s); 
AH? = —411kJ mol7! 

What is the enthalpy change for the following 
reactions? 

(i) 2Na(s) + Cl,(g) > 2NaC\(s) 

(ii) NaCl(s)—> Na(s) + 3CI,(g) 

43.3 Enthalpy and state functions 

In one of the early units (Unit 2) we talked about energy 
levels and the changes in potential energy that would 
take place if we were to travel between the different 
levels in a coal mine. We agreed to use the ground level 
at the top of the mine as our zero of potential energy. If 
we went down the mine our potential energy decreased 
below zero; it became negative. If we were to travel into 
the air above the mine, e.g. in a helicopter, our potential 
energy would increase; it takes a positive value. Now 
imagine that we undertook two journeys shown in 
Figure 43.3. In the first journey we go down the mine, 
return to the surface and then climb up a tower. Finally 
we arrive on the surface again. In the second journey we 
start at the surface, climb the tower, return to the sur- 
face, go down the mine and then return to the surface. 

Notice that in both cases the overall change is zero. 
Our initial and final states are the same in both cases. It 
does not matter what happened in between. We can say 
that the change in potential energy is independent of the 
history of our movements. A quantity like potential 
energy that behaves in this way is called a function of 
state, or state function for short. The change in its value 

Potential 
energy 

+50 

Mine shaft 

Total change in potential energy is 

—100 + 100 + 50 —-50=0 

depends on the initial and final states only, not on what 
happens between those two states. 

It so happens that enthalpy is a state function. (Actually 
it is a special type of state function: a thermodynamic 
state function.) 

To see the importance of this let us take an imaginary 
chemical journey. We shall start with copper(l) oxide, 
CuO, and zinc. By several different sets of reactions we 
shall convert them into copper metal and zinc oxide. The 
first route is the straightforward one of heating the start- 
ing materials together: 

Zn(s) + CuO(s)— ZnO(s) + Cu(s); 

AH? = —192.8kJ mol]7! 

The second route is more involved. First we shall take 

the copper(I) oxide and reduce it with hydrogen gas: 

CuO(s) + H,(g)— Cu(s) + H,O(g); 

AH*? = —86.6kJ mol! 

Then we shall take the steam (water in the gaseous state) 
and react it with the zinc: 

Zn(s) + H,O(g) = ZnO(s) + H,(g); 

AH*®=—106.2kJ mol"! 

Now if we work out the total enthalpy change for this 
indirect route, we find it is 

—86.6kJ mol”! + (—106.2kJ mol~') 
=—192.8kJ mol”! 

This is exactly the same result as the direct route. You 
might like to check how this happens by following the 
diagram in Figure 43.4. 

Table 43.1 contains a summary of what we now know 
about enthalpy. 

Potential 
energy 

+50 

Mine shaft 

Total change in potential energy is 

+50 — 50 — 100 + 100 = O 

Figure 43.3 The overall potential energy change for the journey from ground level back to ground level is zero; it does not depend 

on the route 
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Enthalpy Enthalpy 
/kJ mol | /kJ mol ' 

Zn(s) + CuO(s) 

ea 

—192.8 

ZnO(s) + Cu(s) 

CuO(s) + Ho(g) + Zn(s) 

Cu(s) + H,O(g) + Zn(s) 

Cu(s) + ZnO(s) + Ho(g) 

Figure 43.4 The first diagram shows the enthalpy change for the direct reaction between zinc and copper(i!) oxide. in the second 
diagram, hydrogen is used first to convert the copper(t) oxide into copper. The water given off in this reaction combines with the 
zinc to give zinc oxide and hydrogen. The two key products, zinc oxide and copper, are the same in both cases. Notice that, in the 
second diagram, we finish with exactly the 1 mol of hydrogen that we started with. This means that any enthalpy that it contributed 
at the start has been returned at the end. The net result is as if the hydrogen had not taken part. Also, note that the diagrams show 
the differences in enthalpy, not the individual values of the levels 

Table 43.1. About enthalpy 

An enthalpy change, AH, is a heat change that takes place at 
constant pressure 

Enthalpy is a state function, i.e. AH does not depend on 
the history of the chemicals taking part in a reaction 

A standard enthalpy change, AH®, refers to 101.325 kPa 
(1 atm) and normally refers to 298 K 

Exothermic reaction: AH is negative 

Endothermic reaction: AZ is positive 

43.4 Hess’s law 

The example we have just looked at illustrates a most 
important law first established by the German chemist G. 
H. Hess in 1840, and known as Hess’s law: 

The enthalpy change in a chemical reaction is 
independent of the choice of reactions used in 
the change. 

As far as we know there are no exceptions to the law. 
Actually, it is one of the most useful laws in chemistry. In 
our calculations on the mine we were concerned with 
changes in potential energy, and we chose our zero of 
potential energy to be ground level. Although this seems 
quite natural, there isnothing to say that we must make 
this choice. For example, we could decide that a point 
100 m up in the air was our zero level. The numbers in 
Figure 43.3 would then change; but the eventual answer 
would not change because we were only concerned with 
differences between potential energy values. 

A similar situation holds with enthalpy. We are free to 
choose our zero level of enthalpy. However, experience 
shows (as it does with potential energy) that some choi- 
ces make more sense than others. These choices are 
enshrined in a series of definitions that all chemists are 
expected to know and use. We shall examine, and apply, 
these definitions in the next unit. However, before we do 
so, you should be aware that Hess’s law is closely associ- 
ated with the first law of thermodynamics. In a simpli- 
fied version you may have met the first law of 
thermodynamics as the law of conservation of energy; 
i.e. energy can be neither created nor destroyed. There is 
a more respectable way of stating the first law of 
thermodynamics. You will find it in Appendix A. 

43.2 This and the following two questions refer to 
the reaction discussed in the experiment in panel 
43.1. A more accurate value for the heat of reaction 
between zinc and copper(i!) sulphate solution is 
—210kJ mol-'.This result shows that the heat given 
off in the experiment appears to be less than it should 
be. Give reasons why the result is inaccurate. 

43.3 In many experiments to measure heat 
changes we use thermometers. Suppose we can 
measure the reading on a mercury-in-glass ther- 
mometer to an accuracy of +0.1°C. You are told to 
carry out an experiment in which the temperature you 
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measure is designed to change from 20°C to 25°C. 
However, another student says that this would not be 
so accurate as doing the experiment with the 
temperature changing from 20°C to 30°C. Was the 
student correct? 

43.4 In the zinc and copper(i!) sulphate experiment 
(panel 43.1): 

(i) Why is it important to use an excess of zinc? 

(ii) Why must powdered zinc be used, rather than 
lumps? 



(iii) What colour changes would you expect to see 
during the experiment? 

(iv) Why is an expanded polystyrene cup better than, 
say, a glass beaker? 

Answers 

43.1 (i) —822kJ mol"; (ii) +411 kJ mol". If you draw 
an energy diagram for the reaction you will see why the 
second answer is positive (endothermic). It also makes 
sense chemically: if heat is given out when sodium 
chloride is made, we would have to put heat in to break it 

apart. 

43.2 Some of the heat will be lost into the laboratory. 
Three ways this can happen are by conduction, convec- 
tion and radiation. Also, if some of the solution evapor- 

ates, heat will be lost from it. 

43.3 If the temperature is measured with an accuracy 
+0.1°C, in the worse case the temperature change 
might be from 19.9°C to 25.1°C. This gives a 
temperature difference of 5.2°C rather than the 5°C that 
is recorded. This represents an error of 0.2°C in 5°C, or 

4%. 
If the measured change was from 20°C to 30°C, the 

error would be 0.2°C in 10°C; an error of 2%. The 
student was correct. 

43.4 (i) So that all the Cu?* ions are used up. 

(ii) The powder reacts quickly; lumps react much more 
slowly. It is important that the energy is released quickly, 
so that the temperature rise reflects the amount of heat 
produced. Think, for example, of the reaction taking 
place over a period of several hours. The energy 
released each minute would be so small that the solution 

would lose it to the atmosphere almost as fast as it was 

produced. The temperature rise might be as low as 1°C. 
(If the apparatus was perfectly insulated there would not 
be the same problem.) 

(iii) The solution starts out blue and changes to colour- 

less. At the same time the grey pieces of zinc become 

covered with a brown layer of copper. 

43.5 Draw an enthalpy diagram (like that of Figure 
43.4) for the reaction: 

Zn(s) +40,(g)—> ZnO(s); AH®=—348kJ mol-' 

43.6 Draw an enthalpy diagram for the reaction: 

3N.(g) +302(g)>NO(g); AH?=+90.4kJ mol’ 

(iv) The expanded polystyrene cup is a better insulator 
than glass. Thus heat losses are reduced. 

43.5 The enthalpy diagram is shown in Figure 43.5. 

Enthalpy/kJ mol | 

ZnO(s) 

Figure 43.5 Enthalpy diagram for question 43.5 

43.6 The enthalpy diagram is shown in Figure 43.6. 

Enthalpy/kJ mol bi 

N.(g) + 202(9) 

Figure 43.6 Enthalpy diagram for question 43.6 

UNIT 43 SUMMARY 

Enthalpy is a heat change that takes place at 
constant pressure. 

Values of enthalpy changes that are measured at the 
standard pressure (or corrected to apply to this 
condition) are called standard enthalpy changes. 

In S.J. units the standard pressure is 101.325kPa 
(1 atmosphere in non S.I. units). 

Enthalpy is a state function; i.e. the change in its 
value depends on the initial and final states only, 
not on what happens between those two states. 

Hess’s law says that: 

The enthalpy change in a chemical reaction is 
independent of the choice of reactions used in the 
change. 

@ The heat change in a chemical reaction can be 
calculated using the formula: 

heat _ heat change in 
change capacity temperature 

or 

heat Pn S specific heat _, change in 
change capacity temperature 

Enthalpy Zi 



Standard enthalpies 

44.1 Standard enthalpy of an 
element 

If we are to define standard enthalpies we must choose a 
zero level of enthalpy. We do this in the following way. 
First we call the state of an element as it appears at 
101.325 kPa its standard state. Usually we choose the 
temperature to be 298K (25°C). For example, the 
standard state of hydrogen is a gas, and of sodium a 
solid. We then make our definition: 

The enthalpy content of an element in its 
standard state is zero. 

To see how we can use this definition, suppose that we 
burn I1mol of magnesium in oxygen and that we 
manage to measure the heat released in the reaction. 
This turns out to be —601.7kJ mol~?. With our defini- 
tion, we can set the reactants at zero enthalpy as shown 
in Figure 44.1. 

Similarly the product, MgO, must lie 601.7kJ mol7! 
below the zero level. We write the reaction as 

Mg(s) +50,(g) >MgO(s); AH®=-—601.7kJ mol"! 

Notice that we use a fraction (5) in the equation so that it 
shows the formation of 1 mol of MgO. 

Enthalpy/kJ mol! 

Mg(s) + 202(g) 

~601.7 Moo) 

Figure 44.1 Enthalpy diagram for the reaction between 
magnesium and oxygen 
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44.2 Standard heats of formation 

Indeed, the enthalpy change in this reaction is called the 
standard heat of formation of magnesium oxide. In 
general, the definition of this quantity is: 

The standard heat of formation is the 
enthalpy change when one mole of the sub- 
stance is made from its elements in their 
standard states. 

Table 44.1 shows some typical heats of formation for a 
variety of substances. Notice that heats of formation can 
be endothermic as well as exothermic. It is useful to 
show a standard heat of formation by using a subscript f 
on the AH® symbol. You will have to remember that, 
unless it is stated otherwise, all values refer to a 
temperature of 298K. Thus, in the case of magnesium 

Table 44.1. Some standard heats of formation* 

Reaction AH®/kJ mol"! 

Si(s) +O2(g) — SiO,(s) —910.0 
Ca(s) +30,(g) > CaO(s) —635.5 
Na(s) +3Cl,(g) — NaCl(s) —411.0 
C(s) +O2(g) > CO3(g) —393.5 
H,(g)+302(g) > H,O(1) —285.9 
2C(s) +3H3(g) +40,(g) > C,H,OH(I) —277.7 
3H2(g) +3F2(g) > HF(g) —271.1 
H,(g)+302(g) > H,O(g) ~241e8 
C(s) +2H,(g) +302(g) > CH,OH(1) —238.9 
8C(s) +4H2(g) > CgH,/(I) —224.4 
C(s) +30(g) > CO(g) lies 
C(s) +2H2(g) > CH,(g) —74.8 
3N,+3H2(g) — NH,(g) —46.0 

6C(s) +3H,(g) > CoH, (1) +49.0 
N2(g)+2H,(g) > N>H, (1) +50.6 
2C(s)+2H3(g) > C,H,(g) +52.3 
2C(s)+H,(g) — C,H,(g) +226.8 

*Carbon, C(s), refers to graphite, not diamond; the value for 
SiO, is only approximate 



oxide, the standard heat of formation is 

AH#?= —601.7kJ mol’. 

44.1. Draw an enthalpy diagram for the heat of for- 
mation of hydrazine, NH, (See Table 44.1 for data). 

44.3 Standard heats of combustion 

We have a need for fuels, not only for keeping us warm 
but also to provide energy for industry and for transport. 
For example, octane (C,H,) is one of the key hydro- 
carbons in petrol. In a petrol engine the petrol is mixed 
with air and then a spark from the spark plug causes the 
mixture to burn (Figure 44.2). The energy released 
moves the piston, which results in the wheels turning. 
The energy released when 1 mol of octane burns is called 
the heat of combustion, AH®%, of octane. If the change 
takes place under standard conditions we have: 

The standard heat of combustion is the 
enthalpy change when one mole of the sub- 
stance is completely burned in oxygen. 

=< —_—__ —+_______ 

Exhaust Mixture of 
fumes air and petrol 

When inlet valve 
closes, mixture 
burns evenly 

Piston 

Crank 
shaft 

Figure 44.2 A simplified diagram of the internal combustion 
engine. Downward motion of the piston pushes the crank shaft 
(and eventually the wheels) round. The inlet valve and 
exhaust valve open and close in time with the movement of 
the piston. The inlet valve allows a mixture of petrol and air 
into the cylinder. When the piston pushes upwards into the _ 
cylinder, it compresses the gases. A spark from the spark 
plug ignites the gases. Once these have burnt, the exhaust 
valve opens to let out the spent gases. The cycle then 
repeats. In a diesel engine, there is no need for a spark plug. 
When a mixture of diesel fuel and air is compressed by the 
piston, the mixture burns without the need for a spark 

For octane, 

CgH,(1) + 100,(g) > 8CO,(g) + 4H,0(1); 
AH?@= —4853.5kJ mol"! 

Notice that the water formed is shown as a liquid 
because the value of AH@ refers to 298K (fairly near 
room temperature). This value refers to conditions that 
are not the same as in an engine, but you may under- 
stand why octane is such a useful fuel, given the huge 
amount of energy released when it burns. 

The experiment in panel 44.1 and Figure 44.3 des- 
cribes a method of measuring the heat of combustion in 
the laboratory. 

Panel 44.1 

Measuring the heat of 
methanol 
The apparatus for such an experiment is shown in 
Figure 44.3. The first step is to weigh the burner 
when it is about two-thirds full of methanol. It is 
important to keep the cover over the wick until it is 

.time to ignite the alcohol. Secondly, the 
temperature of the water in the calorimeter is 
measured. 

With a slow current of air being drawn through 
the copper spiral, the wick of the burner is lit and 
the water in the calorimeter gently stirred. When a 
temperature rise of around 10—20°C has been 
achieved, the cover is placed over the burner. 
Finally, the maximum temperature of the water is 
recorded and the burner reweighed. 

The problem that remains is to discover the heat 
capacity of the apparatus. Unlike the experiment 
with copper(I!) sulphate in panel 43.1, this is not a 
simple matter. Here there is water, copper and glass 
present, each with its own heat capacity. 

The easiest method of getting round this problem 
is as follows. We could place an electric heater in 
the water (once it had returned to room 
temperature). The heater would be connected to a 
joulemeter, which measures the number of joules 
of energy supplied to the calorimeter. We would 
keep the heater on until the apparatus had reached 
the same temperature as in the experiment with 
the alcohol. The joulemeter would tell us how 
much energy was needed to reproduce the same 
temperature rise. To see how this works, we shall 
use the results below. 

combustion of 

Starting temperature =19.4°C 
Final temperature =40.1°C 
Starting mass of burner plus 
methanol = 28.449 

Final mass of burner plus methanol = 27.42 g 
Thus, mass of methanol burned = 1.02g 
Starting reading on joulemeter = 7030J 
Final reading on joulemeter = 29 020J 
Difference in readings =21990J 

The joulemeter readings tell us that it takes 21 990 J 
to increase the temperature of the calorimeter from 
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19.4°C to 40.1°C. Therefore we know that 1.02 g of 
methanol released 21 990J when burned. Given 

that the mass of 1 mol of methanol has a mass of 

32g, we can say that: 

energy released when 1 mol methanol is burned 
=21 990J X 32 ¢/1.02g 

= 689 882 J 

Thus, the heat of combustion of methanol is nearly 
—690kJ mol”. (Notice that we have included the 
minus sign now, because the reaction is 
exothermic. ) 

The result obtained from a much more accurate 

experiment is that the standard heat of combustion 
of methanol is —726.3 kJ mol"}. 

To suction pump 

<4 

Stirrer 

N 

Copper 
Spiral 

Water 

HHHHHHHHHHHHH HHH CHHHHHT @ Ns 

Burner 

Figure 44.3 An apparatus for measuring the heat of combus- 
tion of a flammable liquid 

44.2 The heat of combustion of butane, C,H;o, is 
—2220 kJ mol". 

(i) Write the equation for the reaction. Remember to 
use only one mole of butane when you balance the 
equation. 

(ii) Butane can be used as a fuel in gas heaters. 
Suppose you were to burn 1kg of butane in your 
house. How many moles of water would be produ- 
ced? What is the mass of this amount of water? 

(iii) How much heat would be produced? 

44.3 This question is about the experiment to 
measure the heat of combustion of methanol (see 
panel 44.1). 
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Clearly there is a considerable error in the experi- 
ment. Here is a list of possible sources of error. For 
each one, say, with reasons, whether you think the 
error would tend to increase, decrease, or make no 
difference to the measured value for the heat of com- 
bustion. (By ‘increase’ we mean make the measured 
result closer to the accepted value.) 

(i) The cover is left off the burner before it is weighed 
for the first time. 

(ii) The cover is left off the burner after it is weighed 
for the first time. 

(iii) The cover is left off the burner after it is used in 
the experiment, but before it is weighed for the last 
time. 

(iv) The water is not stirred properly. 

(v) The thermometer is placed so that its bulb 
touches the bottom of the glass calorimeter. 

(vi) The amount of air drawn through the copper 
spiral is too low. (When this occurs you often see 
specks of soot appear on the glass.) 

(vii) The flow of air SCs the copper spiral is very 
fast. 

44.4 lf ajoulemeter is not available, it is still possible 
to calculate the heat of combustion. A second experi- 
ment is performed, but this time a substance is 
burned whose heat of combustion is known. We shall 
assume that the same experiment with methanol has 
been done. Now the apparatus is allowed to cool 
back to the starting temperature. A burner containing 
ethanol is weighed and placed under the calorimeter. 
The wick is ignited and the temperature is allowed to 
increase to 30.1°C. Then the cover is placed over the 
burner and it is reweighed. Here are the results. 

Temperature at start =19.4°C 
Final temperature =30.1°C 
Starting mass of burner 

plus ethanol =42.55g 
Final mass of burner plus 

ethanol =33.91g 
Known heat of combustion 

of ethanol =—1366.7 kJ mol! 

Now answer these questions: 

(i) What is the mass of 1 mol of ethanol, C,H;OH? 

(ii) What was the mass of ethanol burned in the 
experiment? 

(iii) How many joules of energy are released when 
this mass of ethanol burns? 

(iv) What was the temperature rise in_ the 
experiment? 

(v) From your answers to (iii) and (iv), calculate the 
energy required to increase the temperature of the 
calorimeter by 1°C. 



(vi) What was the temperature rise in the methanol 
experiment? 

(vii) How much energy must have been released by 
the methanol in order to give this temperature rise? 

(vill) How many moles of methanol released this 
energy? 

(ix) How much energy would be released if 1 mol of 
methanol were burned? What is the heat of 

combustion? 

44.4 Enthalpy changes when 
substances break apart 

If any substance is given sufficient energy, the bonds 
holding the atoms together will break and the atoms will 
fly apart from one another. We have seen one way of 
doing this in the mass spectrometer: high energy 
electrons hit the molecules, causing them to fragment. 
(However, in the mass spectrometer it is rare for all the 
bonds to be broken.) The energy involved in the process 
of turning the substance completely into a gas of atoms is 
called the atomisation energy or the heat of atomisation, 
AH®%.. We can define it as follows: 

The heat of atomisation is the enthalpy 
change when one mole of a substance in its 
standard state is completely changed into 
atoms in the gaseous state. 

For example, 

H,(g) > 2H(g); AH® = +436kJ mol”! 
HCl(g) > H(g)+Cl(g); AHS, =+431kJ mol"! 
Fe(s) > Fe(g); AH® = +417.7kJ mol! 
Na(s) > Na(g); AH? = +108.4kJ mol! 

You should not be surprised to see that the values are all 
positive, i.e. the processes are endothermic. We have to 
put energy in to break bonds. 

For iron and sodium, the process of atomisation is a 
little different in kind from those of hydrogen and hydro- 
gen chloride. For the two metals we are turning a solid 
already made of atoms (rather than molecules) into a gas 
of atoms. Also; we have solids turning directly into gases. 
This type of change is called sublimation. For this reason, 
heats of atomisation of solid elements are sometimes 
called heats of sublimation. For example, we could write 

Na(s) > Na(g); AH®,, = +108.4kJ mol”! sub 

44.5 Bond energies and average 

bond energies 

The atomisation energies of hydrogen and hydrogen 
chloride can also be given alternative names. In these 
cases we are actually breaking individual covalent 

Table 44,2. Examples of bond enthalpies, AH$ 

Molecule Type of covalent bond AH8/kJ mol"! 

H, Single +436 
O, Double +497 
N, Triple +945 

F, Single +158 
ee Single +242 
Br, Single ap UGS} 
L Single spell S3ll 

HF Single +563 
HCl Single +431 
HBr Single +366 
HI Single +299 

bonds. This leads to the alternative name of bond 
enthalpy, or bond dissociation enthalpy, AH. Table 44.2 
provides you with some values of bond enthalpies. 

Often the bond dissociation energies are simply called 
bond energies. The greater the bond energy, the stronger 
the bond. The strengths of bonds can be found from 
spectroscopy. We have already met the idea that the 
vibrations of molecules can be detected in the infrared 
region of the spectrum. You should not be surprised to 
learn that the stronger the bond, the harder it is to make 
it vibrate. By measuring the frequencies of the vibrations, 
the strength of the bond can be calculated. 

You may have noticed that the molecules chosen in 
Table 44.2 are all relatively simple ones. We have not 
included molecules with more than two atoms. There is 
a reason for this. Suppose we want to know the bond 
energy of each of the four C—H bonds in methane, CH,. 
Experiments can be done that cause the four hydrogen 
atoms to leave the molecule separately. The results are: 

CH,(g) > CH;(g) +H(g); AH? = +426kJ mol"! 
CH,(g) > CH,(g) + H(g); AH? = +439kJ mol"! 
CH,(g) > CH(g) + H(g): AH® = +451kJ mol! 
CH(g)— C(g) + H(g); AH? =+347kJ mol’ 

Clearly the ‘bond energy’ of a C—H bond depends on 
the order in which the particular hydrogen atom is lost 
from the molecule. A similar situation exists for all mol- 
ecules with more than two atoms: the strengths of the 
bonds depend on the order in which they are broken. 
The reason for this is that as soon as one atom is lost, the 
electrons that remain change their energies. Indeed, the 
shape of the fragments that remain can be very different 
to the original molecule. For example, the CH;(g) frag- 
ment is planar whereas the methane molecule from 
which it came is tetrahedral. 

The way in which we get round this difficulty is to 
define average bond energies. In the case of methane, we 
determine the energy needed to rip all four hydrogen 
atoms off the carbon atom. This should be the sum of the 
individual bond energies above: 

CH,(g) > C(g) + 4H(g); AH? = +1663kJ mol”! 

We then take an average of this value, +1663/4kJ 
mol!, or +416kJ mol", and call this the average bond 
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Table 44.3. Some average bond energies 

Bond AHS/kJ mo]! Comment 

N-H 389 In ammonia 
O=F 464 In water 
CH 413 Average of many organic 

compounds 
Grae 346 Average of many organic 

compounds 
C=C 598 In ethene, C,H, 
C=C 611 Average of many alkenes 
C=¢ 837 In ethyne, C,H, 
G=¢ 835 Average of many alkynes 
Ce 358 Average value in alcohols 
C=O 745 Average value in ketones 
C-F 485 In CF, 
C= 339 Average value in chloroalkanes 
G— Br 209 In CBr, 

C= 218 _ In iodomethane, CH;I 

energy. You can see that the average value does not 
necessarily match the energy of any one of the individual 
bonds. We put up with this as a matter of convenience. 
From now on we shall use AH® to stand for average 
bond energies. Some typical values are given in Table 
44.3. 

44.5 Look at the bond enthalpies of the halogens, 
chlorine, bromine and iodine, in Table 44.2. Which of 
the halogens would you expect to have the shortest 
bond, and which the longest bond? 

44.6 A student trapped a little of each of the hydro- 
gen halides, HCI, HBr and HI, in separate test tubes. 
The student heated a platinum wire until it was red hot 
and put it into one of the test tubes. She then heated 
the wire again and put it in the second test tube, and 
so on. In two of the tubes she saw a reaction take 
place. Which ones were they? What do you think she 
saw? 

44.7 Astudent said that some of the figures in Table 
44.3 must be wrong. In particular he said that: 
‘Ethene, C,H,, contains a double bond between the 
carbon atoms, and a double bond should be twice the 
strength of a single bond. The table should show the 
C=C bond energy in ethene to be about +692kJ 
mol~', not +598 kJ mol”'.’ Briefly explain why he was 
wrong. (Hint: look back to the unit on bonding if 
necessary.) 

44.6 Heats of hydrogenation 

Some organic compounds contain double bonds. The 
simplest example is ethene, C,H,. Such compounds are 
said to be unsaturated; they contain less than the maxi- 
mum amount of hydrogen. Ethene, for example, can be 
converted into ethane, C,H,. The reaction of adding 
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hydrogen to a double bond is known as hydrogenation. 
The heat change in a hydrogenation reaction is the 
enthalpy of hydrogenation, AH%. Its definition is: 

The enthalpy of hydrogenation is the heat | 
change when one mole of an unsaturated | 
compound reacts with hydrogen and is com- 
pletely changed into the corresponding | 
saturated compound. 

For example, 

C,H,(g) + H3(g) > CH, (g); AH¥ = —132kJ mol! 

Now compare the value of the heat of hydrogenation 
of cyclohexene, C,H, 9, with that of benzene, C,H,: 

C,H,o(l) + H;(g) > C.H, (1); + AH2=—120k3 mol! 
C,H,(l) + 3H,(g)>C,H,(l); AH? =—246k3 mol"! 

In both cases the product is the same, cyclohexane. The 
structure of benzene is often shown, as in Figure 44.4, 

de ly god e H 

H 

H 

H 
H H H H H 

lo Moh ol gt 
H H 

Cyclohexene 

H H 
H H 

3H, H. Hy eee 

H H Cyclohexane 

H H 

Benzene 

There is a carbon atom where the lines representing the 

bonds meet: 

sash could be drawn as SSC 
\ 

H H 

The bonding in benzene is better represented like this 

(hydrogen atoms not shown): 

Figure 44.4 The conversions of cyclohexene and benzene 
into cyclohexane. Both benzene and cyclohexene have 
double bonds (although benzene has more of them). When 
they react with hydrogen, the same molecule is made: cyclo- 
hexane. The diagrams do not show the true shapes of the 
three types of molecule 



Enthalpy 

/kJ mol! 

3 C=C double bonds + 3H, 

—114 

Benzene + 3H, ~360 

—246 

Cyclohexane 

Figure 44.5 The heats of hydrogenation of benzene and of 
three separate carbon-carbon double bonds of the type in 
cyclohexene show that benzene is 114kJ mol’ more 
energetically stable than if it contained separate double 
bonds 

with three separate double bonds. The fact that the heat 
of hydrogenation of benzene is not three times that of 
cyclohexene shows that, as we found in Unit 16, the 
bonding in benzene is unusual. It consists of a ring of six 
single bonds and a delocalised pi bond that stretches 
around the entire ring. In fact, the heats of hydrogena- 
tion give us evidence to show that the pi bonding in 
benzene makes the molecule more energetically stable 
than if it had three separate double bonds. 

If benzene contained three separate double bonds like 

Answers 

the double bond in cyclohexene, then we would expect 
its heat of hydrogenation to be 3 X (—120kJ mol") 
= —360kJ mol’. If we put cyclohexane on an enthalpy 
diagram, then 360kJ mol! above it would lie the 
mythical benzene with three separate double bonds 
(Figure 44.5). But experiment shows that real benzene 
lies 246kJ mol“! above cyclohexane. Therefore (real) 
benzene lies 114kJ mol”! below the position it would 
have if there were three separate double bonds. We can 
say that the delocalisation of the pi electrons in benzene 
gives the molecule a degree of energetic stability that is 
not given by completely separate pi bonds. This is a 
general effect in chemistry: 

The greater the spread of charge over a mol- 
ecule or ion, the greater is the energetic 

stability of the molecule or ion. 

44.8 1,3-Butadiene has a structure that is often 

- shown like this: 

Its heat of hydrogenation is —239kJ mol-'. The 
heat of hydrogenation of ethene is —132kJ mol’. 
Could there be delocalised pi bonds _ in 
1,3-butadiene? 

44.1. The enthalpy diagram is shown in Figure 44.6. 

44.2 (i) C4Ho(g) + 4O.(g) > 4CO.,(g) + 5H,O0(g) 

Enthalpy/kJ mol! 

N5H, (I 
+50.6 NRHN 

N(g) + 2H2(g) 

Figure 44.6 Enthalpy diagram for the formation of 

hydrazine 

(ii) The mass of 1 mol of butane is 58g. This produces 
5 mol of water, 90g. Therefore, 1 kg of butane produces 

90 g x 1000 g/58 g = 1551.74, or just over 1.55 kg. 

(iii) The heat liberated is 2220kJ x 1000g/58g, i.e. 
37 931 kJ. 

44.3 (i) This will make no difference; but it is vital that 
no methanol evaporates between weighing it and light- 
ing the wick. 

(ii) If methanol evaporates after the weighing, then it will 
seem that more methanol has been burned than is really 
the case. This will have the effect of lowering the value 
for the heat of combustion. 

(iii) This will have exactly the same effect as in (ii). 

(iv) The temperature measured will either be too high or 
too low (it is most unlikely to be correct). Without know- 
ing the precise position of the thermometer and the 
nature of the convection currents, we cannot be sure 
which. If the temperature is too high, then the heat of 
combustion will be too high, and vice versa. 

(v) The glass is likely to be hotter than the water. Thus 
the temperature recorded will be too high, and the heat 
of combustion will be too high. 

(vi) If there is too little air, then the methanol will not 
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Answers — contd 

burn properly (hence the soot). Not all of the energy of 
combustion will be released, so the measured value will 
be too low. 

(vii) Here the danger is that the hot gases will escape 
from the copper spiral before they have conducted their 
heat into the calorimeter. The heat of combustion will be 
too low. 

44.4 (i) 46g. 

(ii) 0.52g. 

(iii) —1366.7 kJ x 0.52 9/46 g = — 15.45 kJ. 

(iv) 10.7°C. 

(v) —15.45kJ/10.7°C = —1.44kJ °C". 

(vi) The rise was 34.6°C — 19.4°C =15.2°C. 

(vii) Energy released = —1.44kJ°C™'X* 15.2°C 
=—21.92kJ. 

(viii) Number of moles of methanol = 1.02. g/32g mol! 
= 0.032 mol. 

(ix) —685kJ. The heat of combustion is —685 kJ mol”'. 

44.5 The strongest bond should be the shortest, and 

vice versa. This agrees with the bond length values: 
Cl,, 199 pm; Br., 228 pm; |,, 267 pm. You may notice that 
the other halogen, fluorine, does not fit the pattern. It is 
thought that the two fluorine atoms are so close togeth- 
her that their lone pairs of electrons tend to repel each 
other more strongly than in the other halogens. Hence 
the bond is weaker than expected. 

44.6 The strongest bonds are the hardest to break. 
The HCl tube would not be affected. Especially, the Hl 

UNIT 44 

The enthalpy content of an element in its standard 
state is defined to be zero. 

The standard heat of formation is: 
The enthalpy change when one mole of a 
substance is made from its elements in their 
standard states. 

The standard heat of combustion is: 
The enthalpy change when one mole of a 
substance is completely burned in oxygen. 

The heat of atomisation is: 
The enthalpy change when one mole of a 
substance in its standard state is completely 
changed into atoms in the gaseous state. 
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would be split apart. She would see the purple colour of 
iodine vapour: 

2HI(g) > H,(g) + |.(g) 

Similarly, the HBr would give a pale orange colour of 
bromine. 

44.7 The student was wrong because he had forgotten 
that a double bond consists of two different types of 
carbon-to-carbon bond. One is a sigma bond, the other 
a pi bond. The pi bond is weaker than a sigma bond. The 
weakness of the pi bond is partly responsible for the fact 
that alkenes are much more reactive than carbon com- 
pounds containing sigma bonds only. 

44.8 If there were two entirely separate double bonds in 
1,3-butadiene, we would expect its heat of hydrogenation 

to be twice that of ethene, i.e. -264kJ mol"'. In fact the 
value is —239kJ mol”'. This is 25kJ mol”! less than 
expected. Thus it appears that the pi bonding in 1,3- 
butadiene is delocalised, as shown in Figure 44.7. 

FS C58 

C>G= CHC GaGa 
Hat. ae Gai ae 

(a) (b) 

Figure 44.7 Butadiene, CH,=CH—CH=CH,, shown 
with (a) two separate x orbitals and (b) one delocalised x 
orbital. (There are three other similar orbitals.) Diagram (b) 
gives a better impression of the bonding in the molecule. 
(Note: the hydrogen atoms have been omitted) 

SUMMARY 

@ Bond energy is the energy needed to break a covalent 
bond completely. 

@ Average bond energy is the average of the energies of 
the individual bonds in a molecule. 

© Heat of hydrogenation is: 
The heat change when one mole of an unsaturated 
compound reacts with hydrogen and is completely 
changed into the _ corresponding 
compound. 

@ General rule about energetic stability: 
The greater the spread of charge over a molecule 
(or ion), the greater is the energetic stability of the 
molecule (or ion). 

saturated 



45 
Calculations using Hess’s law 

45.1 Using heats of formation 

Hess’s law can be used to calculate all sorts of heat 
changes. Indeed, as you will discover shortly, it can be 
used to determine heat changes for reactions that cannot 
be carried out in the laboratory. If you are to become 
confident in using the law in a variety of different types 
of problem, there are two very important ideas that you 
will need to understand. The first is that, for any reac- 
tion, the overall enthalpy change is given by: 

Patalpy — enthalpies 
change of = = 

: of products 
reaction 

enthalpies: 
of reactants 

If the substances taking part in the reaction and the 
products are all in their standard states, then we can 
write this equation in terms of the heats of formation of 
the reactants and products. This is the second key idea: 

enthalpy heats of heats of 
change of = _ formationof -— _ formation of 
reaction products reactants 

or 

Enthalpy/kJ mol ' 

0 

—A6 Direct 
route 

—92.3 

i NH,Cl(s 
—315.5 NCS) 

2N,(g) + 2H(g) + 2Clo(g) 

AH® (reaction) = AH? (products) — AH (reactants) 

To see how this works in a particular case, let us look 
at the heat change for the following reaction: 

- HCl(g) + NH;(g)—> NH,Cl(s); AH® (reaction) 

We can look up the heats of formation of each of the 
chemicals: 

4H, (g) +4Cl,(g) > HCl(g); AH?= —92.3 kJ mol"! 

3N,(g) + 3H2(g) > NH;(g); AH?= —46.0kJ mol7! 

3N,(g) + 2H;(g) bi 2 paneer n 
A¥= —315.5kJ mol- 

Now we can place all three changes on an enthalpy 
diagram as in Figure 45.1. 

Because the enthalpies of formation of elements in 
their standard states are zero by definition, each of the 
reactions has a common starting line at 0kJ mol”'. We 
can think of making NH,Cl(s) in two ways. The first is 
the direct route from its elements (Figure 45.2), 
illustrated in the third equation above. The second is 
where the combination 4N,(g) + 2H,(g) +3Cl,(g) is split 
into two portions: the first is $H,(g) +4CL(g), which 
react to make HCl(g); the second is 3N,(g) +3H,(g), 

Nic Na(g) + 2 Ho(g) 

NH3(g) 

3H2(g) + 2Cla(g) 

Indirect 
route 

HCI (g) 

Figure 45.1 Enthalpy diagrams for direct and indirect routes in making ammonium chloride 
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=315:5 
+ 8H9(g) + 3Cl(g) ———-—_ NH, Cl(s) 

—92.3 

AH® (reaction) 

NH,(g) + HCl(g 

Figure 45.2 Another way of viewing the enthalpy changes in 
making ammonium chloride. Figures are in kJ mol’ 

which combine to give ammonia, NH;(g). Finally the 
HCl(g) and NH;(g) react to produce NH,Cl(s). This 
second route is shown in Figure 45.2 as well. 

Hess’s law tells us that the enthalpy change in arriving 
at NH,Cl(s) is the same by the two routes. Therefore the 
enthalpy change for the reaction we are interested in is 
the difference between the enthalpy changes for the 
direct and the indirect routes. This is 

AH® (reaction) = —315.5kJ mol! 
=(—46.0kJ mol" *—92.3kJ mol’) 

which gives 

AH® (reaction) = —177.2kJ mol"! 

So 

HCl(g) + NH,(g) > NH,Cl(s); 

AH@ (reaction) = — 177.2K) mo)" 

Before going on to other things, let us try one further 
example, which is a little more complicated. The task is 
to find the enthalpy change for the reaction: 

2HI(g) + Cl,(g) > 2HCI(g) + 1,(s); AH® (reaction) 

From tables we find that AH?(HI) = + 26.5kJ mol”! and 
AH?(HCl) = —92.3 kJ mol~'. By definition the heats of 
formation of Cl,(g) and I,(s) are zero. We have the rule, 

AH® (reaction) = AH? (products) 
= 2AH® (HCl) — 2AH® (HI) 
a XA 9S kJ mols!) 
= —237.6kJ mol”! 

— AH? (reactants) 

X (+ 26.5 kJ mol!) 

The thing to notice here is that because two moles of 
HI(g) and two moles of HCI(g) appear in the equation, 
then we multiply the heats of formation of both these 
molecules by 2. It is very important that you take 
account of the numbers of moles in the equations. 

(Sometimes they may be fractions, but the same 
principle holds.) 

45.2 Impossible reactions 

Chemistry data books record the heats of formation fora 
wide variety of compounds. However, you should not 
think that all the values have actually been measured 
directly by experiment. Many have been calculated using 
Hess’s law. For example, heats of formation of hydro- 
carbons cannot be measured directly because hydrogen 
gas will not combine directly with carbon; yet you will 
find that the heat of formation of methane is quoted as 
—74.9kJ mol”: 

C(s) + 2H,(g) > CH,(g); AHP(CH,) = —74.9 kJ mol”? 

This value is obtained by using Hess’s law. Reactions for 
which the enthalpy changes can be measured are the 
heats of formation of carbon dioxide and water, and the 
heat of combustion of methane: 

C(s) + O,(g) >CO,(g); AH?(CO,) = —393.5kJ mol! 

H,(g) +40,(g) > H,O(1); AHP(H,O) = —285.9kJ mol! 

CH,(g) + 203(g) > CO,(g) + 2H,O(1); 
\ AH®CH,)=—890.4k3 molly 

Our task is to combine the information from these 
three equations in such a way that we discover the heat 
of formation of methane. We now know that we can 
write the enthalpy change for the third reaction in terms 
of heats of formation: 

AH®CH,) = AH®(CO,) + 2AH%(H,O) — AH9(CH,) 

(Remember that AH?(O,) is zero.) Putting in our values 
for the enthalpy changes, 

—890.4kJ mol“! = —393.5kJ mol"! 
+2 xX (—285.9kJ mol!) — AH?(CH,) 
= —965.3kJ mol-! — AH®(CH,) 

SO 

AH®(CH,) = —74.9 kJ mol! 

This method can be applied to many other examples, 
some of which you will find in the questions. 

(There is a difference of 0.1kJ mol”! between the 
value we have calculated and the one in the tables. The 
difference is due to errors in rounding off the various 
values of the enthalpies in the tables.) 

45.1 Calculate the heat of formation of benzene, 

C,H,(l), from the following information: AH®(C,H,) = 
—3267.6kJ mol-';. AH?(H,0)=-—285.9kJ mol"; 
AH?(CO,) = —393.5kJ mol". 

(Your first task is to write the equation for the com- 
bustion of benzene. Make sure you balance it. Then 
follow through the method of section 45.2.) 

45.2 Substances that have an endothermic heat of 
formation are sometimes called ‘endothermic com- 
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pounds’. Is benzene an exothermic or endothermic 
compound? 

45.3 A student once wrote that: ‘Endothermic com- 
pounds are not stable. The fact that they are endo- 
thermic means that they would prefer to break up into 
their elements.’ 

Briefly explain whether you think the student was 
correct. 

45.4 This question concerns an imaginary experi- 



ment to determine the enthalpy change of the 
reaction 

Na,CO,(s) sary Na,CO,:1 OH,O(s) 

This is the change of one mole of anhydrous sodium 
carbonate into one mole of hydrated sodium car- 
bonate crystals. 

Distilled water, the usually laboratory apparatus 
(measuring cylinders, balances and the like), and a 
supply of the two varieties of sodium carbonate are 
available. A vacuum flask adapted as shown in Figure 
45.3 can also be used. 

Figure 45.3 Enthalpy changes for reactions in solution can 
be measured using a Thermos (vacuum) flask. In an 
experiment the flask is turned upside down so that the liquid 
inside covers the thermometer bulb 

Here is the method; but unfortunately it is muddled. 
Your task is to put the instructions in the correct order. 

(A) Repeat the procedure using 5g_ of 
Na,CO,-10H.O crystals. 

(B) Take the temperature of the water. 
(C) Weigh accurately about 5g of anhydrous 

Na,CO, into a clean, dry weighing bottle. 
(D) Determine the temperature rise. 
(E) Tip the anhydrous Na,CO, into the flask. 
(F) Measure out 50cm® of distilled water into a 

vacuum flask. 
(G) Reweigh the weighing bottle. 
(H) Calculate the energy released during the 

reaction. 
(I) Measure the maximum temperature reached. 

45.5 Assume that the results in the experiment 
above were: . 

Temperature rise given by 5.0g anhydrous 
Na,CO, = 5.2°C 

Temperature fall given by 5.0g Na,CO,:10H,O 
=4.9°C 

Now answer the following questions: 

(i) How many moles does 5.0g anhydrous Na,CO, 
represent? 

(ii) Taking the heat capacity of the 50 cm® of the solu- 
tion to be the same as 50g of water, calculate the 
heat released in the experiment. (Specific heat capa- 
city of water = 4.18kJ kg~' K~'.) 

(iii) Calculate the heat change AH(anhydrous) where 

Na,CO.,(s)— Na,CO,(aq); AH(anhydrous) 

(iv) How many moles does 5.0g Na,CO,-10H,O 
represent? 

(v) Given that 1 mol of the crystals contains 10 mol of 
water, how many moles of water were in the 5g of 
Na,CO,-10H,0? 

(vi) What mass of water is this? 

(vii) When the Na,CO,-10H,O crystals dissolve in the 
50cm of water in the flask, what volume of water is 
released from them? 

(viii) What is the total volume of water in the flask? 

(ix) Calculate the heat change when_ the 
Na,CO,-10H.O crystals dissolved. 

(x) Calculate AH(crystals) where 

Na,CO,-10H,O(s)— Na,CO,(aq); AH(crystals) 

(Take care over the sign of the enthalpy change.) 

(xi) You should now have the enthalpy changes for 
the reactions: 

Na,CO,(s)—> Na,CO,(aq); AH(anhydrous) 
Na,CO,:10H,O(s) > Na,CO,(aq); AH(crystals) 

Use Hess’s law to estimate the enthalpy change for 

Na,CO,(s)— Na,CO,-10H,O(s); AH(reaction) 

(xii) What might be the main sources of error in the 
experiment? 

45.6 Hydrazine, N,H,, is an endothermic com- 
pound; its heat of formation is +50.6kJ mol~'. Cal- 
culate the enthalpy change for the reaction of burning 
hydrazine in oxygen: 

N2H, (I) + O2(g)— No(g) + 2H20(|) 
Why do you think that hydrazine has had some suc- 
cess as a rocket fuel? 

45.7 Ammonium nitrate, NH,NO,, is widely used as 
a fertiliser. Unfortunately it has also found use as an 
explosive by terrorists. It decomposes according to 
the equation 

2NH,NO,(s)— 2N,(g) + 4H,O0(g) + O2(9) 
(i) What is the energy change in this reaction? You 
will need the value AH?(NH,NO,) = —364.6 kJ mol"?. 

(ii) Why does NH,NO, act as an explosive? 
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Answers 

45.1 6C(s) +3H.(g)— C,H, (I); AH®(C,H,) 

CgH,(I) + 30,(g) — 6CO,(g) + 3H,O(1);. 
AH®(C,H,) = —3267.6 kJ mol™' 

AH®(CgH.) = 6AHF(CO.) + 3AH9(H,0) — AH9(CeHe) 
—3267.6 kJ mol-'=6 x (—393.5 kJ mol~') 

So AH9C,H,) = + 48.9 kJ mol". 

45.2 It is endothermic. 

45.3 Elsewhere we have said that the use of the word 
‘stable’ can lead to misunderstandings. In this case 
there is some truth in the student’s statement: endo- 
thermic compounds do tend to break up. But, they do not 
always do so, nor do they necessarily break into their 
parent elements. Benzene, for example, will lie in bottles 
for years without the slightest inclination of decompos- 
ing. We shall take up this matter of stability in later units. 

45.4 The correct order isi bab Te. Geb atte 

45.5 (i) M(Na,;CO;) = 106 g mol', so we. have 
59/106g mol’, or 4.72x10-? mol. 

(ii) Heat released 
= 50 x 10° *kg x 4.18 kJ kg"! K7'X 5.2K=1.09 kJ 

(iii) Scaling up to 1mol, AH(anhydrous) = —23.11 kJ 
mol~'. Note the negative sign, showing that the change 
is exothermic. 

(iv) M(Na,CO,:10H,O) = 286 g mol', so we have 
5 g/286 g mol’, or 1.75 x 10°? mol. 

(v) 0.175 mol of water. 

(vi) 0.175 mol x 18g mol”-'=3.15g. 

(vii) 3.15cm%. 

(viii) Total volume of water = 53.15 cm*%. 

(ix) Heat change 
= 53.15 x 10°%kg x 4.18kJ kg" ' K''X 4.9K 
= 1.09kJ 

(x) Scaling up to 1mol of the crystals, we have 
AH(crystals) = +62.3kJ mol~'. Notice that the reaction 
was endothermic, so there is a positive sign to the heat 
change. 

(xi) On a diagram the heat changes look like this: 

AH (anhydrous) 

Na,CO;3(s) ~ Na,CO;3(aq) 

AH(reaction) aie ne 

Hess’s law tells us that 

AH(reaction) + AH(crystals) = AH(anhydrous) 

Putting in our values we find that 

AH(reaction) + 62.3 kJ mol”! = —23.11 kJ mol"! 

So 

AH(reaction) = —85.41 kJ mol" 

This compares with the tabulated value of —91.12kJ 
mol"'. ; 

(xii) Often temperature measurements are a significant 
source of error. (Ordinary laboratory thermometers are 
not very accurate, nor can they be read with great 
accuracy.) The hydrated crystals lose water easily (they 
effloresce). They can become coated with a layer of 
powdery anhydrous carbonate. Thus, the hydrated 
crystals may not be completely pure. In any event, this 
experiment cannot be performed accurately because 
Na,CO, dissolves only very slowly in water. 

45.6 AH®(reaction) = 2AH(H,O) — AH(N2H,) 
=2 xX (—285.9 kJ mol‘) 

—(+50.6 kJ mol~') 
= —622.4kJ mol”! 

The reaction is strongly exothermic. It also happens to 
be an explosively fast reaction. Both are prime qualities 
for a rocket fuel. 

45.7 (i) The enthalpy change for the reaction is 

4AH4(H.O) — 2AH?(NH,NO3) 
=4 x (—285.9kJ mol”) — 2 x (—364.6 kJ mol™') 
= —414.4kJ mol! 

(ii) Good explosives must decompose rapidly, and prod- 
uce large changes in volume by releasing gases. 
Ammonium nitrate does decompose rapidly. It also 
gives a huge increase in volume. The 2 mol of solid have 
a volume of the order of some tens of cm’. The 7 mol of 
gas produced have a volume of well over 150 000 cm*. It 
is the rapid expansion that forces shock waves through 
the air, which cause the damage we associate with an 
explosion. 

Na CO3-10H,O(s) 

UNIT 45 SUMMARY 

or, under standard conditions, 

AH® (reaction) = AH? (products) — AH (reactants) 

@ In applying Hess’s law we use the equation: 

enthalpies 
of reactants 

enthalpies 
of products 

enthalpy change _ 
of reaction 
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46 
Lattice energies 

46.1 What is meant by lattice 
energy? 

We know that many substances are composed of ions or, 
at least, can be thought of in this way (see Unit 18). The 
ions exist in a three-dimensional array, which we call 
the lattice. The Jattice energy is a measure of the energetic 
stability of the crystal. We should always be careful 
when speaking of ‘stability’, and ask ‘stable with respect 
to what?’ In this case it is stable with respect to the ions 
from which it is made when they are present as a gas. 
We define the Jattice energy, AH?,, as follows: 

| The lattice energy is the energy change when 
one mole of a crystal is formed from its com- 

ponent ions in the gaseous state. 

For example, in the case of magnesium oxide the pro- 

cess is 

Mg?* (g) + O07 (g) >MgO(s); AH?,= —3933kJ mol”! 

For sodium chloride, 

Na* (g) + Cl” (g)—> NaCl(s); 
Table 46.1 displays some more values of lattice energies. 

AH?,= —781kJ mol“! 

Table 46.1. Lattice energies of some crystals 

Crystal Lattice energy Crystal Lattice energy 
/kJ mol”! /kJ mol"! 

NaF =e) AgF —943 

NaCl = Tesi AgCl —890 

NaBr —743 AgBr Ol 

Nal —699 Agl —867 

46.2 The Born-—Haber cycle 

A method, known as the Born—Haber cycle, makes use of 
Hess’s law to calculate lattice energies. The best way of 
understanding the cycle is to see it at work in a particular 

Energy/kJ mol a 

600 K*(g) + F (g) 
Atomisation 
of fluorine 

K*(g) + 2Fa(9) 
500 

Electron 
affinity of 
fluorine 

4 
oo lonisation 

energy of 
potassium 

se K*(9) + F (g) k*(9) + F-(g) 

200 

100 K(g) + 2F2(9) 
Atomisation 
of potassium 

of K(s) + 2F2(g) K(s) + 2F2(g) 

Lattice 
—100 energy 

Lattice 
energy 

—200} 

Heat of 
Heat formation 
of 

—300 formation 

—400} 

—500 | 

KF(s) v KF(s) 

—600 

(a) (b) 

Figure 46.1 Using energy diagrams to calculate the lattice 
energy of potassium fluoride 

case. The one we shall choose is potassium fluoride, KF. 
~ You will need to consult Figure 46.1, which gives the 
enthalpy diagram for the cycle. 

One fixed level on the diagram corresponds to the 
elements in their standard states, K(s) and F,(g). By 
definition this gives us our zero level of enthalpy. The 
second important level is the enthalpy of the crystal in its 
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standard state, KF(s). From tables we find that the heat of 
formation of KF is —562.6kJ mol ~'. Hence the line for 
KEF(s) is 562.6kJ mol7! below that of K(s) +3F,(g). 
(Notice that the heat of formation refers to the formation 
of one mole of KF(s), hence the factor of 5 in front of the 

F,(g).) 
The next thing to realise is that the lattice energy cor- 

responds to the energy change for the process 

K* (g) + F-(g) > KF(s) 

It is this quantity that we are trying to calculate. As the 
coming together of ions to make a crystal is bound to be 
an exothermic process, we have placed Kt (g) + F(g) 
some large distance above KF(s). 

In the Born—Haber cycle we aim to convert 
K(s) +5F,(g) into K* (g) + F-(g), thereby completing the 
diagram. You can see this done in Figure 46.1b. The 
various stages are as follows: 

Change Enthalpy change Value 
/kJ mol! 

K(s) +3F,(g) > KF(s) Heat of formation = ODEO 
K(s) > K(g) Heat of atomisation + 89.6 
K(g) > K* (g) First ionisation +419.0 

energy 
$F, (g) > F(g) Heat of atomisation = lie geal 
F(g) > F (g) First electron affinity =—332.6 

Each of these is shown on the diagram. Make sure you 
understand that positive enthalpy changes take us 
upwards, while negative values take us downwards. All 
the enthalpy values are known except for the lattice 
energy, but we can now discover its value. One way of 
doing this is to look at the diagram and use the figures 
on it to help you. To reach K*(g)+F (g) from K(s) 
+3F,(g) requires an _ overall enthalpy change 
of “(789.64 79.1 + 419 —332.6) kJ) mol = + 255.1k) 

mol-'. Our endpoint, KF(s), is 562.6kJ mol! below 
K(s) +3F,(g). Hence the energy gap between 
K+(g)+F-(g) and KF(s) is (255.1+562.6)kJ mol”! 
=817.7kJ mol-'. However, this ignores the fact 
that the lattice energy is a negative Heat quantity because 
we measure downwards from K*(g)+F (g) to KF(s); 
hence the lattice energy is AH?, = —817.7kJ mol"!. 

If you have to do a calculation like this in a test or 
exam, it is best to work it out from scratch — as we have 
just done. However, if you want, it is possible to use a 
formula. The formula says that 

—(lattice energy) = —(heat of formation) , 
+heats of atomisation 
+ionisation energies 
+electron affinities 

For example, in the case of potassium fluoride (in 
units of kJ mol’), 
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— (lattice energy) = 562.6+ 89.6+ 79.1+419— 332.6 

= 817.7 

Hence, lattice energy = —817.7kJ mol"!. 

We shall take a more complicated example now and 
calculate the lattice energy of aluminium oxide, Al,O;, 
otherwise known as the mineral, corundum. In this case 
we have to make sure of keeping the correct number of 
moles of both elements for each of the processes 
involved in the cycle. To begin with, the equation for the 
heat of formation is 

2A1(s) +303(g) > Al,03(s); AH? = —1675.7kJ mol"! 

Because we are now dealing with two moles of 
aluminium, we have to take twice the atomisation 
energy. Also, the aluminium ion is Al’*, so we have to 
add in contributions from the first, second and third 
ionisation energies of the element. Owing to 2 mol of 
aluminium being needed to make 1 mol of aluminium 
oxide, we need twice the value of each ionisation 
energy. Similarly, for oxygen we need three times the 
atomisation energy. Also, because the oxygen ion is O?-, 
we have to add the first electron affinity of oxygen 
(which gets us to O7) and the second electron affinity (to 
reach O?~). We can list all the changes as before: 

Change Enthalpy change Value Multiply 
/kJmol—' by 

2Al(s) +30,(g)— Heat of formation SMa il 

Al,0;(s) 
Al(s) > Al(g) Heat of atomisation +3243 2 
Al(g)— Al*(g) — First ionisation +578 2 

energy 
Alt (g) > Al’*(g) Second ionisation +1817 2 

energy 
Al?*(g)— AP *(g) Third ionisation +2745 2 

energy 
40,(g) > O(g) Heat of atomisation +249 
O(g)—O (g) First electron affinity —141.4 3 
O-(g) > O? (g) Second electron +790.8 3 

affinity 

4 
You will see these figures used in the Born—Haber 

cycle of Figure 46.2. If you add up all the heat changes 
correctly you will find that the lattice energy of 
aluminium oxide is — 15 300.1 kJ mol '. This large value 
gives a good indication of the strength with which the 
aluminium and oxide ions are held together in 
corundum. 

46.1 The equations for the heats of formation of 
copper(!) oxide, Cu,0, and copper(i!) oxide, CuO, are 

AH?= — 166.7 kJ mol"! 
AH?= — 155.2 kJ mol! 

2Cu(s) + 20.(g) > Cu,O(s); 
Cu(s) + 30.(g) > CuO(s); 

The first and second |.E.s of copper are 750 and 



Energy/kJ mol” ' 

14000 

2ar*(g) + 30° (g) 

3 x 2nd 
E.A. of 

12000 alt onsen 
2Al- (g) + 30(g) 

2A°*(g) + 30 
2ar"(g) + 30219) t ig PESOS HOS 

10000 
3 x 1st E.A. 
of oxygen 

2 x 3rd I.E. of 3 x Atomisation 
8000 aluminium of oxygen 

6000 

2al°*(g) + 2 0,(g) poi SSE BUTEA energy 

2 x 2nd I.E. of 
aluminium 

2000 2Al* (g) + 2 O.(g) 

2 < 1st |.E. of aluminium 

2Al(g) + 2 O2(g) 

2 x Atomisation 
2Al(s) + 2 O(g) energy of aluminium 

Heat of 
formation 

Al,03(s) 

—2000 (a) 

Energy/kJ mol! . 2 
2Al°*(g) + 30° (g) 

2A\°*(g) + 30(g) 
2372.4 

| —424.2 

ee 2A%*(g) + 30 (g) 

2al°*(g) + $O,(9) 

5490 

2al’*(g) + 3 O2(g) 

Lattice _ enerays= 712300"! 

1156 

2Al(g) + 2 O2(9) 

648.6 

| 3634 

2Al"(g) + 3 O2(g) 

2Al(s) + 2 O2(g 

=16%5.7 

Alz03(s) ' 

(b) 

Figure 46.2 (a) The Born—Haber cycle for aluminium oxide. (b) This diagram is not drawrPto scale. It merely shows the values of 
the energy changes in the Born—Haber cycle 

2000 kJ mol~" respectively; its atomisation energy is 
339.3kJ mol”. 

Draw the Born—Haber cycles and calculate the lat- 
tice energies of the two oxides. 

46.2 You can see from the figures of section 46.2 
that overall the conversion of an oxygen atom into an 
oxide ion, O?, is endothermic (—141.4kJ mol7' 
+790.8kJ mol-'=+649.4kJ mol~'). Yet the oxide 

| ion is found in many ionic substances. What is the 
source of the energy that enables oxygen atoms to 
form oxide ions? 

46.3 What do lattice energies tell 
us? 

First, the more negative the value, the greater is the 
energetic stability of the lattice with respect to it being 
broken up into separate ions. However, we should be 
careful not to make the mistake of thinking that the 

~ lattice energy tells us whether the substance really is held 
together by ionic bonds. The values only tell us what 
would be the energy released if the crystal were made 
from gaseous ions. To some extent it is possible to check 
the degree of ionic character in a crystal by performing a 
calculation. The method of calculation was developed by 
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Some ot the repulsions 

Figure 46.3 The diagrams show some of the attractions and 
repulsions in an ionic crystal. The Madelung constant is 
obtained by adding them all together 

Born, Landé and Mayer. The details are too complicated 
for us to worry about, but the idea behind the method is 

not too hard to understand. 
To begin with, it is assumed that the crystal is made up 

of perfectly spherical ions. Once the geometry of the 
crystal has been determined (e.g. by X-ray diffraction), 
the distances between the ions are known. The energy of 
attraction between all oppositely charged ions, and the 
energy of repulsion between ions of the same charge, are 
calculated (Figure 46.3). This is the tricky part; but 
fortunately all the major crystal structures have been 
done by now. The general result is known as the Born— 
Landé equation: 

AH%, = 1.389 x 10° MZ+2- ( -1) kJ mol"! » 

Here, r is the shortest distance between two oppositely 
charged ions, measured in picometres (1 picometre, 
lpm=107!*m); z, is the size of the charge on the posi- 
tive ions, and z_ that on the negative ions; and n is a 
factor that takes account of the repulsions that occur 

266 Physical Chemistry 

when any two ions come close together. The electron 
clouds are regions of negative charge so they are bound 
to repel to some extent. Values of 1 are usually between 
5 and 10 (m has no dimensions). The only remaining 
term in the equation is M. For a particular lattice type 
this is a constant, called the Madelung constant. It usually, 
but not always, has values in the region of 1 to 5. 

There is an improved version of the equation called 
the Born—Mayer equation. The latter makes a more 
sophisticated allowance for the repulsions between the 
electron clouds by including another variable, @ (rho). 
The Born—Mayer equation is: 

AH®,, = 1.389 x oo 2) kJ mol! 

We can use either equation once all the constants are 
known. By way of an example, let us use the Born— 
Landé equation with sodium chloride, for which 
M=1.748, z7,=+1, z=-l1, r=282pm, n=8. 

Therefore, 

1.748 X 1 x (-1) 1 ox 5 tS See OA at /- —- = AH, = 1.389 X 10? X 782 x( 2 

= —753kJ mol"! 

This result is in good agreement with the value quoted 
in section 46.1. Because the Born—Landé equation is 

derived by assuming the presence of individual ions, the 
agreement gives us confidence in thinking that sodium 
chloride is ionic in nature. 

On the other hand, some substances show significant 
differences between the lattice energies calculated by the 
Born—Landé or Born—Mayer equation and the Born— 
Haber cycle. Particularly well known examples are the 
silver halides (Table 46.2). The difference between the 
values increases from the fluoride to the iodide. Especi- 
ally, the discrepancy is so large for silver iodide that it 
suggests that it is unlikely to be made of separate, 
individual ions. It seems that there is a significant 
amount of covalent bonding in the solid. If you look 
back to the section on Fajans’ rules (section 19.4) you 
will find the source of an explanation of this covalent 
character. The iodide ion is the largest of the halide ions. 
As such it is ‘squashy’ and polarisable (Figure 46.4). A 
silver ion might attract the electron cloud around the 
iodine ion, thus producing a certain amount of covalent 
bonding. 

Table 46.2. Comparison of the lattice energies of 
the silver halides 

Halide Lattice energy/kJ mol ' 

Born—Haber cycle Born—Mayer equation 

AgF —943 —925 
AgCl —890 —833 
AgBr —877 ~808 
Agl —867 TA 



Figure 46.4 As the silver and iodide ions come closer 
together, the positive charge on the silver ion attracts the 
iodine electrons towards it. Eventually the electron clouds of 
both ions mingle. We say that the silver ion has polarised the 
iodide ion ; 

It is wise to be wary of making hard and fast 
generalisations about the bonding in substances such as 
silver iodide. For example, along with other ‘ionic’ 
solids, silver iodide has a high melting point (558° C) and 
it does conduct electricity when molten. 

46.3 Your task is to calculate the lattice energy of 
potassium iodide. Use the data on potassium given 
earlier in the unit together with the following informa- 
tion: enthalpy of atomisation of iodine, 106.6kJ 
mol~'; electron affinity of iodine, —295.4kJ mol-'; 
heat of formation of potassium iodide, —327.6kJ 
mol~'. Draw the Born—Haber cycle for the process. 
Compare your answer with the value —623 kJ mol"! 
calculated from the Born—Landé equation. Is there 
any evidence for covalent bonding in KI? 

46.4 The beryllium ion, Be?*, has an ionic radius of 
30pm. (By comparison, the silver ion, Agt, has an 
ionic radius of 126 pm.) Would you expect the Born— 
Landé equation to give a good estimate of the lattice 
energy of beryllium chloride, BeCl,? What is the 
nature of the bonding in solid BeCl,? 

46.5 In Unit 59 we shall try to explain why some 
substances dissolve easily in water, and why others 
are almost insoluble. For the present, think about this 
statement: ‘The larger the value of the lattice energy, 
the harder it is to break the ions apart, so substances 
with large lattice energies are always insoluble in 
water.’ 

Can you detect a fallacy in this line of reasoning? 
(Hint: to what process does the lattice energy refer?) 

In any case, are there cases where substances 
with high lattice energies are more soluble than those 
with low values? Here are some solubilities in moles 
of substance per 100g of water at room temperature: 
AgF, 1.42; AgCl, 1.35x10-®; NaCl, 0.62; MgO, 
2x 10->: 

Answers 

46.1 The Born—Haber cycles are drawn in Figure 46.5. 
Lattice energies are: 

AH?,(Cu,0) = —3243.9 kJ mol" 
AH?,-(CuO) = —4143.1 kJ mol’ 

46.2 it is the lattice energy that can be thought of as 
providing the energy. It is the energy released when the 
oxide ions are made together with the neighbouring 
positive ions within the solid that determines whether the 
ion will be formed. Values of the electron affinities (like 
ionisation energies) refer to changes taking place in a 

gas. This is quite unlike the environment when a solid is 
being made. 

46.3. AH?-=-—647.3kJ mol’. The Born—Haber cycle 
is given in Figure 46.6. The Born—Mayer equation, which 
assumes perfect ions to be present, is, like the case of 
silver iodide, less than that calculated from the Born— 

* Haber cycle. There may be some covalent bonding in KI. 

46.4 Look back at Unit 19. There we made the point 
that the small size of the Be** ion will polarise a 
neighbouring negative ion. Covalency results. You will 
find the structure of solid BeCl, in Figure 15.4. 
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46.5 Lattice energies refer to the business of taking hard it is to convert the lattice into a gas of its component 
gaseous ions and converting them into a crystalline lat- ions. Dissolving an ionic substance in water is not the 
tice. Strictly, the lattice energy tells how energetically same thing at all. You will discover that there are several 
favourable this process is. Alternatively; it tells us how other factors to be taken into account if we are.to attempt 

Energy/kJ mol 

4000 _cu(g) + OF) 

1 Energy/kJ mol 3600 790.8 

Cu*'(g) + O(g) 

3200 ves 3200 is ae Cu**(g) + O (g) 
2Cu*(g) + O” (g) Cu**(g) + 302(9) 

—141.4 
2800 2800 

790.8 

2Cu'(g) + O(g) 
2400 2400 

ee | 2Cu'(g) + Og) 
2Cu"(g) + 202(9) 

2000 

2000 —141.4 2000 Fr 

= -4143.1 

Lattice 
oe 2) 750 energy 1 

= 1500 =~3243.9 

1200 1200 “4 
Cu" (g) + 202(9) 

800 800 

2Cu(g) + 302(g) 7 ae 

400 2X339.3 ? 

= 678.6 ny Cu(g) + 202(9) 

339.3 

é 2Cu(s) + 202(g) Cu(s) + 30.(g) pte SRST ik copes ee 
y ~166.7 Cu,0(s) y-155.2 Cud(s) 

—400 —400 

(a) (b) 

Figure 46.5 (a) Born-Haber cycle for copper(i) oxide. Check: —(lattice energy) = —(—166.7) + 678.6 + 1500 

+ 249.2 —141.4+790.8 = 3243.9. Therefore, lattice energy = —3243.9 kJ mol~'. (b) Born—Haber cycle for copper(t|) oxide. 

Check: —(lattice energy) = —(—155.2) + 339.3 + 750 + 2000 + 249.2 — 141.4 + 790.8= 4143.1. Therefore, lattice energy 

= —4143.1 kJ mol 
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to explain solubilities. You can see from the figures in is much more soluble than AgCl even though it has a 
the question, together with the lattice energies in the larger lattice energy than AgCl. There is also the prob- 
sections above, that there is no simple relationship lem of reactions taking place. This happens with MgO, 
between lattice energy and solubility. For example, AgF which can produce Mg(OH), with water. 

Energy/kJ mol | 

K*(g) + \(g) 

600 Atomisation 
of iodine 

106.6 

K*(g) + 2lo(s) 
SS Electron affinity 

a ? of iodine 

—295.4 

400 

K*(g) + |g) 

300 1st I.E. 
of potassium 

419 

200 

100 K(g) + 2l2(s) 
Atomisation Lattice 

of potassium energy 
89.5 =—647.3 

of Kis) + tals) 

—100 

Heat of 
formation 

—327.6 

—200 

—300 
KI(s) 

Figure 46.6 Born—Haber cycle for potassium iodide. Check: 
—(lattice energy) = —(—327.6) + 89.5 + 419 + 106.6 — 295.4 
= 647.3. Therefore, lattice energy = —647.3 kJ mol~' 
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UNIT 46 SUMMARY 

@ Lattice energy AH9, is defined as: energetic stability of the lattice with respect to it 
The energy change when one mole of a crystal is being broken up into separate ions. 

formed from its component ions in the gaseous e@ The value of the lattice energy does not tell us 
state. For example, whether a substance is really composed of ions. It 

measures the energy released if the crystal were at ~ . oe 

Nae (eee Glatz) NaC) AoE Nac!) originally made from gaseous ions. 

The more negative the value, the greater is the 
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47 
Enthalpy changes in solutions 

47.1 Heats of neutralisation 

Sodium hydroxide and hydrochloric acid are known as 
strong electrolytes. This means that when dissolved in 
water their solutions contain only separate ions, i.e. Na*, 
OH, H* and Cl-. In solution the ions gather about them 
a sphere of water molecules, called the hydration sphere. 

In Figure 47.1 notice that the positive ions attract the 
negatively charged (oxygen) ends of the water mol- 
ecules towards them. Similarly, the negatively charged 
ions attract the positively charged (hydrogen) ends of the 
water molecules. 

If the solution is very dilute, the ions are separated by 
many layers of water molecules and each one behaves as if 

The ‘empty’ space is filled 
with water molecules 

Figure 47.1 Strong electrolytes like sodium hydroxide and 
hydrochloric acid are completely dissociated into ions in solu- 
tion. The diagram shows a much exaggerated view of a solu- 
tion of sodium hydroxide. In reality the water molecules are 
arranged in three dimensions about the ions. 

the other ions were not present. This is said to happen at 
infinite dilution, and it is represented by putting the letters aq 
in brackets after the symbol, e.g. OH~ (aq) or H* (aq). 

If you mix solutions of sodium hydroxide and 
hydrochloric acid, you will find that heat is generated. 
(Caution: Never attempt to mix concentrated solutions of 
acids and alkalis. So much heat can be liberated in a 
short time that the mixture can be showered over you!) 
We could write the equation for the reaction as 

NaOH (aq) + HCl(aq) — NaCl(aq) + H,O(1) 

But this would be to miss the true source of the heat 
generated. The sodium and chloride ions begin the reac- 
tion separated by water molecules, and this is how they 
remain at the end of the reaction; they do not react. The 
reaction is really between the hydroxide ions and the 
hydrogen ions (Figure 47.2): 

H* (aq) + OH (aq) > H,O(1) 

If you prefer, it is possible to write this equation as a 
reaction between oxonium ions, H,O*, and hydroxide 
ions: 

H,0* (aq) + OH (aq) > 2H,0(1) 

However, nothing of moment is gained by doing this 
here, so we shall keep to the simpler equation. 

The enthalpy change when one mole of hydrogen ions 
is completely neutralised under standard conditions is 
called the standard heat of neutralisation, AH® (Table 
47.1). Its value in the present case is —57.9 kJ mol™!, i.e. 

H* (aq) + OH (aq) > H,O(1); AH?=—57.9kJ mol! 

The definition of the standard heat of neutralisation is as 
follows: 

The standard heat of neutralisation is the 
enthalpy change that takes place when one 
mole of hydrogen ions from an acid is com- 
pletely neutralised by an alkali to give an 
infinitely dilute solution. 

Notice that the definition does not talk about one mole 

of an acid. The reason for this is that one mole of an acid 
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Figure. 47.2 When sodium hydroxide and hydrochloric acid neutralise one another, it is only the hydrogen ions and hydroxide ions 
that react. They combine to make water. The sodium ions and chloride ions remain surrounded by their hydration spheres. They 
are sometimes called spectator ions: we can imagine them to be watching the reactions that are taking place. 

Table 47.1. Heats of neutralisation of three strong 

acids 

Acid AH®/kJ mol"! 

HCl =D sy) 

HBr — IAG 

HNO, 57.6 

like sulphuric acid, H,SO,, can give more than one mole 
of hydrogen ions. A number of different combinations 
of acids and alkalis have almost the same value for their 
heats of neutralisation. Examples are the strong electro- 
lytes in Table 47.2. The reaction taking place when they 
neutralise one another is just the reaction between 
hydrogen ions and hydroxide ions. 

Acids and alkalis that have very different heats of neu- 
tralisation are also shown in the table. These are known 
as weak electrolytes. Solutions of weak electrolytes contain 
molecules of the substance as well as ions. For example, 
in a dilute solution of ethanoic acid, CH,COOH, only 
about 4% of the ethanoic acid molecules exist as ions: 

CH,COOH(aq) =CH,COO (aq) + H* (aq) 

mainly molecules a very few ions 

When ethanoic acid reacts with hydroxide ions, there 
are a number of sources for the heat change. One is the 

Table 47.2. Examples of strong and weak 
electrolytes 

Acids Alkalis 

Strong electrolytes Hydrochloric Lithium hydroxide 
Nitric Sodium hydroxide 
Sulphuric* Potassium hydroxide 

Weak electrolytes | Methanoic Aqueous ammonia 
Ethanoic 
i 

*Only the first dissociation of sulphuric acid is complete; the 

second is incomplete: 
H,SO,(aq) = HSO, (aq) +H" (aq) 

HSO, (aq) = SO,” (aq) +H" (aq) 

lies far to the right 
lies to the left 
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Ethanoic acid Ethanoate ion 

a O He O | ee: | ao 
reo tel H—c—cK ° +H 

| 6—h I O 

This bond breaks Electrons are 
delocalised over 
the carbon and 
both oxygen atoms 

Figure 47.3 Breaking the O—H bond in ethanoic acid 
requires energy to be put in. However, delocalisation of the 
electrons in the ethanoate ion represents a lowering of 
energy. 

usual reaction between the hydrogen ions and the 
hydroxide ions. Another comes about through the 
breaking of the O—H bond in each ethanoic acid mol- 
ecule (Figure 47.3), and the subsequent rearrangement 
of the electrons in the ethanoate ion. There is also a 
contribution from the heats of hydration of the 
ethanoate and hydrogen ions. Incidentally, it is not the 
case that the heats of neutralisation of weak acids are 
necessarily smaller than those of strong acids; for exam- 
ple, the heat of neutralisation of hydrogen fluoride is 
—68.0kJ mol"!. 

47.1 Read the following statements: 

(i) One of the most important safety rules in chemis- 
try is that water should never be added to con- 
centrated solutions of acids, especially sulphuric acid. 

(ii) The reason is simple: diluting a concentrated acid 
liberates heat. It is an exothermic process. 

(iii) When water is added, the molecules break up, 
producing ions. More energy is released as the ions 
are hydrated by the water molecules than is needed 
to break the molecules apart. 



(iv) The heat liberated is sufficient to boil the water 
and cause it to spit out of the solution, taking some of 
the acid with it. 

Which of these statements is/are correct? 

47.2 Hydration energies 

If we were to plunge a mole of gaseous hydrogen ions 
into water, so that the resulting solution was effectively 
infinitely dilute, we would discover that a large amount 
of heat was liberated. The heat change for the process is 

Table 47.3. Hydration energies of common ions 

Ion AHP(ion) Ion AHP (ion) Ion AH(ion) 
/kJ mol! /kJ mol"! /kJ mol”? 

H* -1075 

ui? "499 Mg?*+  - 1891 pet 8.2457 
Na‘ —390 Caz —1562 ely —384 

Ke —305 Alles —4613 Bik 

Ag* —464 Ie Oi 

NH,* '=281 OH —460 

Energy/kJ mol | 

Na" (g) Al°*(g) 

—390 

Na‘ (aq) 

—4613 

Al* (aq) 

Figure 47.4 The hydration energy of Al** is almost 12 times 
larger than that of Na* 

known as the hydration energy, AH?, of the hydrogen 
ion: 

H*(g) + water— H* (aq); AH?(H*) =—1075kJ mol"! 

(This value for the hydrogen ion is only approximate. 
Various estimates have been made, some larger and 
some smaller than this one.) Some hydration energies 
are shown in Table 47.3 and Figure 47.4. 

In general we can define the hydration energy, AH, as: 

The hydration energy is the heat change that 
takes place when one mole of a gaseous ion 
dissolves in water to give an infinitely dilute 
solution. 

It is interesting to compare these values with the ionic 
radii of the ions. You will be asked to do this in question 
47.2. 

47.2 Look up the ionic radii of the ions listed in 
Table 33.4. Can you find any relation between the 
ionic radii and the heats of hydration? You might try 
plotting a graph, either on paper or using a computer. 

Try to explain any trends that you notice. 

47.3 A student made up two solutions by mixing the 
same volume of dilute hydrochloric acid with two dif- 
ferent quantities of water. She called these solutions 
A and B, and placed 50cm*® of each in two poly- 
styrene cups. She invited her friend to measure the 
temperature of each solution. Both solutions were at 
18°C. Then her friend had to add 25cm of water 
(again at 18°C) to each cup. The temperature of cup 
A remained at 18°C; the other increased to 20°C. 
The friend had to decide which, if either, of the two 
solutions A and B behaved as if it were infinitely 
dilute. What should her answer have been? 

47.3 Heats of solution 

When chemicals dissolve in water there is almost invari- 
ably a heat change. It can be hard to predict whether a 
substance will dissolve exothermically or endotherm- 
ically. For example, sodium hydroxide dissolves 
exothermically, while sodium nitrate dissolves endo- 

thermically (Figure 47.5). For the present we shall not 
attempt to explain why these changes take place. It is 
sufficient to realise that they do take place. We define the 
heat of solution, AH, as follows: 

The heat of solution is the enthalpy change 
that takes place when one mole of a substance 
dissolves in a solvent to give an infinitely 
dilute solution. 
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Energy/kJ mol! 

NaNO,(aq) 

NaOH(s) NaNO,(s) 

—43 

NaOH(aq) 

Figure 47.5 The heat of solution of sodium hydroxide is 
exothermic, while that of sodium nitrate is endothermic 

Notice that the definition refers to a solvent. Usually 
the solvent is water; but it need not be. It is possible to 
carry out reactions in many other solvents, such as 
ethanol or liquid ammonia. Also, as in our previous 
work, the solution produced must be infinitely dilute. 
Table 47.4 gives some examples. 

Table 47.4. Some heats of solution 

Change AHS/kJ mol’ 

H,SO,(1) > H,SO,(aq) —95 
HCl(g) — HCl (aq) —75 

CuSO, (s) — CuSO,(aq) =>) 

NaOH(s) — NaOH(aq) —43 

HNO, (1) — HNO;(aq) —34 

NaCl(s) — NaCl(aq) +4 

NH, Cl(s) — NH,Cl(aq) +16 

NaNO;(s) ~NaNO3;(aq) 2 

47.4 Enthalpies of formation of ions 
in solution 

In more advanced work in chemistry it is sometimes 
useful to know the heat change for processes like these: 

SEEN) SCTE A Aa aes ee mo 

274 Physical Chemistry 

2H, (g) + 3N2(8) +302(g) > H* (aq) + NO; (aq); 
AH® = —207kJ mol"! 

The first represents the formation of one mole of 
hydrochloric acid, and the second that of nitric acid 
(both at infinite dilution), from their elements in their 
standard states. These heat changes can be calculated 
using Hess’s law (see question 47.4). However, we can- 
not determine the contribution of the formation of the 
individual ions to the heat changes. For example, in the 
case of nitric acid the heat change is approximately 
—207kJ mol™'!, but how much of this is due to the 
production of H* (aq) and how much to NO, (aq) it is 
impossible to say. Faced with this difficulty, chemists 
have decided to define the enthalpy of formation of the 
hydrogen ion in solution to be zero. When this is done it 
means that we can tell from the two equations that 
AH#(Cl (aq)) = —167 kJ mol7! and AH®(NO, (aq)) 
= —207kJ mol"'. Table 47.5 shows values of the heats 
of formation of common ions. 

Table 47.5. Heats of formation of common ions in 

solution* 

Ion AHP (ion(aq)) Ion AHP? (ion(aq)) 
/kJ mol! ' /kJ mol"! 

F 5 }8y7 sere seg 

Gis NOs Na* —330 

Br> le, it = IS) || 

le =s5 Agt —106 
$0.27 —~909 Mg?* —462 
NO, ~207 Ca?* —539 
OHS ——2 0) 

*By definition AH?(H*(aq)) = 0 

47.4 This question asks you to calculate the heat 
change, AH’®, for the reaction 

3H,(g) + 3N,(g) + 302(g)— H* (aq) + NO" (aq); AH® 
Here is the information you need: 

3H,(g) + 3N,(g) + 302(g) > HNO,(); 
AH#(HNO,) = —173-kJ mol! 

HNO,(I) > HNO,(aq); AH&,,= —34kJ mol"! 

(Note: HNO,(aq) 

H* (aq) + NO, “(aq).) 
Draw an enthalpy diagram showing both these 

changes. From the diagram calculate the value of 
AH®. 

is another way of writing 



Answers 

47.1. All four statements are correct. 
; Energy/kJ mol ' 

47.2 The trend is that the smaller the ionic radius, the 

greater is the hydration energy. One reason for this is 
that the water molecules can get closer to the centre of 2 
charge, so the attractions are increased. 3H2(g) + 3No(g) + 2 On(g) 

47.3. Solution A appeared to be infinitely dilute. Adding 
more water to such a solution cannot cause any further 
change to the ions in the solution, so there will be no 
heat change. Solution B gives out heat with the water. 
This solution cannot be infinitely dilute. 

47.4 Figure 47.6 shows the enthalpy diagram. 

HNO,(I) 

-34 

HNO;(aq) 

Figure 47.6 The value of the enthalpy change for the 
formation of HNO,(aq) is —207 kJ mo!~' 

UNIT 47 SUMMARY 

@ The standard heat of neutralisation is: a gaseous ion dissolves in water to give an 
The enthalpy change that takes place when one infinitely dilute solution. 
mole of hydrogen ions from an acid is completely @ Heat of solution AH®, is: 
neutralised by an alkali to give an infinitely dilute The enthalpy change when one mole of a 
solution. substance dissolves in a solvent to give an infinitely 

e Hydration energy AH is: dilute solution. 
The heat change that takes place when one mole of 
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AS 
Internal energy 

48.1 What is internal energy? 

A change in internal energy is a heat change that takes 
place at constant volume. This is in distinction to an 
enthalpy change, which is a heat change at constant 
pressure. We show a change in internal energy by the 
symbol AU. (In some books the symbol AB is used.) Like 
enthalpy, internal energy is a state function. This means 
that we can treat it very much like enthalpy in calcula- 
tions. However, measurements of AU and AH for a reac- 
tion give different results, especially if gases are involved. 

To see why this is, imagine carrying out a reaction 

between zinc and sulphuric acid in two different ways 
(Figure 48.1). In the first method we put the zinc and 
acid together in a cylinder fitted with a piston. The 
hydrogen given off can push the piston out. When it 
does this it has to push the air out of the way. This needs 
energy because the gas has to do work in expanding 
against the air pressure. In the second case the reactants 
are mixed in a completely enclosed container. Here the 
volume of the container remains constant. Therefore the 
hydrogen given off has a constant volume; it does not do 
work like the hydrogen does in the first experiment. 

48.2 Taking account of work 

A gas that changes its volume by AV when it expands 
against a pressure p does an amount of work given by 
pAV. The equation that relates AH, AU and pAV is 

AH=AU+pAV 

We can put this in a rather different way by using the 
ideal gas equation, pY=nRT. Suppose we have a set of 
reactants that has a volume V,. Then there will be a 

corresponding number of moles of gas, ,. Similarly, if 
the products of the reaction have a volume V,,, then there 
will be m, moles of product gas. We have two equations, 
one for the reactants and one for the products: 

pV,=n,RT and pV, =n,RT 

As usual we subtract the reactants from the products to 

give 

At tee V,) a (a= n,)RT 

276 Physical Chemistry 

upwards 
; Piston moves 

Air 
pressure 

Hydrogen gas 

Dilute sulphuric acid 

Zinc 

Hydrogen 

Dilute sulphuric acid 

Zinc 

(b) 

Figure 48.1 (a) The hydrogen does work in pushing the 
piston outwards against atmospheric pressure. The volume of 
the gas changes. (b) The hydrogen given off here does not 
change its volume. It does not expand against atmospheric 
pressure, so no work is done 

or, 

pAV=AnRT 

This gives us 

AH= AU+ AnRT 



Now let us see how this works out in an example. 
For the reaction between zinc and sulphuric acid, 

Zn(s) + H,SO,(aq) > ZnSO, (aq) + H,(g); 

AH? =—151kJ mol"! 

So, given the enthalpy change, can we work out AU? If 
you look at the equation there is only one gas involved, 
namely the one mole of hydrogen that is a product of 
the reaction. This tells us that An=1, so 

—151kJ mol’ !=AU+1 X RT 

The value of the gas constant, R, is 8.314J K~' mol"!, 
and, as usual, the temperature is taken as 298 K. Then, 

—151kJ mol !=AU+1X8.314J K™! mol"! X 298K 

Therefore, provided you spot that one of the terms has 
units of kJ mol™', and the other J mol~!, we find 

AU=-—151kJ mol”! —2.5kJ mol"! 

= —153.5kJ mol”! 

This result is sensible because, when the reaction is done 
at constant pressure, all the energy goes into increasing 
the internal energy of the system in the container. None 
of it is needed to do work. In the open container, some of 
the available energy is used in doing work by expanding 
the hydrogen against atmospheric pressure. (The work 
done is the 2.5 kJ mol™’.) 

There are one or two approximations that we have 
made here. The first is that we assumed that hydrogen 
behaves as an ideal gas. This is not a bad assumption 
unless very high pressures and temperatures are used. 
The second is that we have ignored changes in volumes 
of the liquids and solids present. For example, one mole 
of zinc ‘disappears’ during the reaction. However, this 
would give a change in volume of a matter of a few tens 
of cm’, whereas the volume change produced by the 
release of one mole of hydrogen is over 22 000 cm’. 
Changes in gas volumes far outweigh those for solids or 
liquids. 

48.3 Measuring internal energy with 
a bomb calorimeter 

If we are to measure a change in internal energy we have 
to keep the volume of the apparatus constant. A device 
that does this is called a bomb calorimeter (Figure 48.2). 
The calorimeter is made of steel and is of great strength, 
so that it can withstand the vigour of the reactions that 
take place in it. It has found wide use in measuring heats 
of combustion. The substance to be burned is weighed 
and placed in a crucible. The calorimeter is filled with 
sufficient oxygen at high pressure to ensure the complete 
combustion of the sample, and the valves are closed to 
seal the contents from the outside. The calorimeter also 
contains a platinum wire that can be heated electrically. 
This is used to ignite the sample in the crucible. The 

Valves 

Ignition 

Figure 48.2 A bomb calorimeter. In practice the calorimeter 
is immersed in an insulated water bath. Temperature sensors 
measure the change in temperature of the water. (Diagram 
taken from: Caldin, E. F. (1958). Chemical Thermodynamics, 

Oxford University Press, Oxford, figure 4(a), p. 43) 

temperature inside the bomb can be measured by elec- 

tronic sensors. 
When all is ready the bomb is immersed in a water 

bath, which is itself insulated from the surroundings. The 
temperature rise during the reaction can be measured 
very accurately, often to within +10~*K. In order to 
calculate the heat exchange, the heat capacity of the 
bomb is found by an electrical method. For example, 
suppose that the temperature rise in a reaction was | K. 
After the reaction is over, the bomb is cooled to its start- 

~ ing temperature and an electric heater used to increase 
its temperature by 1 K. The energy needed to produce 
the 1K temperature rise is easily found by connecting 
the heater to a joulemeter. The energy supplied is the 
change in internal energy. Finally the figure has to be 
scaled up to give AU in kJ mol"’. 
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48.1. What are the internal energy changes, AU*®, in 
these reactions: 

(i) H.(g) +30.(g)>H,O(I); AH?=—285.9kJ mol"! 

(ii) H,(g) +30.2(g) > H,O(g); AH2 = —241.8kJ mol™' 

(iii) C,H_(g) + $02(g) > 2CO,(g) + 3H2O0(\); 
AH®=—1559.8kJ mol™' 

48.2 The reaction 

Mg(s) + 20,(g)—> MgO(s) 
was carried out in a bomb calorimeter. A mass of 
0.509g of magnesium was burned, and the 
temperature rise was 2.012K. In a separate experi- 
ment using an electric heater and joulemeter, it was 
found that a temperature rise of exactly 1K required 
6.267 kJ of energy to be provided. 

(i) How much energy is needed to produce a 
temperature rise of 2.012 K? 

(ii) How many moles of magnesium were burned? 
Take A,(Mg) = 24.3. 

(iii) How much energy would have been released by 
one mole of magnesium? This is the internal energy 
change for the reaction. 

(iv) Why is your answer different to the enthalpy 
change for the reaction, —601.7 kJ mol-'? 

Answers 

48.1 (i) In this reaction there are 1.5 mol of gas at the 
beginning, and none at the end. Therefore, An=—1.5. 
We have —285.9kJ mol-'=AU?-—1.5x8.314J K"'! 
mol-' x 298K, which gives AU?= —282.2kJ mol’. In 
this case the atmosphere does work on the mixture 
because there is a contraction in volume. This 
represents an input of energy into the system, so the 
enthalpy change is greater than the internal energy 
change. 

(ii) Here, An=—0.5, which leads to AU=—240.6kJ 
mol™'. 

(iii) This time, An=2—(1+4)=—2.5. Therefore, 
AUS= —1553.6kJ mol7". 

48.2 (i) The energy required = 6.267 kJ x 2.012 K/1K 
= 12.609 kJ. 

(ii) Number of moles 0.509 g/24.3 g mol"' 
0.021 mol. 

| (iii) Energy released by one mole is 12.609kJ x 
1 mol/0.021 mol = 600.43 kJ, i.e. AU=600.43kJ mol’. 

(iv) During the reaction there is a change in the number 
of moles of gas (oxygen) of An=-—3. This leads to the 
difference in AH and AU owing to the work done by 
expansion at constant pressure. 

UNIT 48 SUMMARY 

e A change in internal energy is a heat change that AH=AU+ AnRT 

takes place at constant volume. 
@ Enthalpy and internal energy are related through the 

equation 

@ Internal energy changes are measured with a bomb 

calorimeter. 
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49.1 A first look at entropy 

Imagine that we have a sample of a gas trapped in a can 
at room temperature. Now suppose that we give the 
molecules of the gas a little extra energy (e.g. by briefly 
heating the can). On average the energy will cause the 
molecules: 

(i) to move more quickly from one place to another, 
i.e. there is an increase in translational energy; 

(ii) to rotate more rapidly, i.e. there is an increase in 
rotational energy; 

(iii) to vibrate more violently, i.e. there is an increase 
in vibrational energy. 

ibhnat 1S; 

energy given to 
the molecules = increase in translational energy 

+increase in rotational energy 
+increase in vibrational energy 

(Note: we shall ignore the electrons in the molecules, 
and their energy levels. The electrons will only change 
their energies if we give molecules a great deal of energy; 
see Unit 13. Likewise we shall ignore energy levels of the 
nucleons.) 

It is most important that you realise that not every 
molecule gains the same amount of each of these 
energies. We say that there is a spread of translational, 
rotational and vibrational energies in a gas. Although we 
may know the total energy given to the gas, there are 
many different ways in which the energy can be 
arranged between the translational, vibrational and 
rotational energy levels. As the temperature increases, 
more molecules can reach the higher energy levels, so 
there is a larger number of arrangements at a higher 
temperature than there is at a lower temperature. 

To see how the number of arrangements can change, 
let us imagine that we have a large number of molecules, 
but this time in a crystal. We shall label six of them A to F 
as in Figure 49.1 and assume that there is a set of 
vibrational energy levels available to them. (For sim- 
plicity we shall assume that the energy levels are evenly 
spaced.) 

If the temperature is very low, the molecules will have 
the lowest possible energy, which we have shown as E, 

GI Alem) OVE HEH Na) 
CP Grice) CoG ie seen) 

Figure 49.1 Six of the molecules in a solid, labelled A to F. 
Even though the molecules are chemically the same, we can 

tell them apart owing to their different positions 

in Figure 49.2. The six dots on the line for Ey represent 
this arrangement. Notice that there is only one way of 
organising the molecules if they all have energy Ep. If we 
give the molecules one extra unit of energy, then only 
one of the molecules can reach the next highest level, EF). 
However, because there are six molecules, there are six 
ways of arranging them so that one has energy £, and 
five have energy Ep. If we give the molecules another 
unit of energy, the number of arrangements greatly 
increases. We could have one molecule with energy E,, 
and the other five with &,; as before, there are six ways 
of achieving this. Alternatively, two molecules could 
have energy £,, with the other four with Eo. There are 15 
ways of doing this, thus giving us 21 arrangements all 
together. You can see that as the total energy increases 
there is a rapid increase in the number of possible 
arrangements. (In this case from | to 21.) Each arrange- 
ment is called a complexion. Thus, at a_ higher 
temperature, there is a greater number of complexions 
than at a lower temperature. 

This brings us to entropy: 

When the number of complexions increases, 
we say that entropy increases. __ 

When the number of complexions decreases, 
we say that entropy decreases. 
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E3 = 3 units 

E, = 2 units 

(a) 

E, = 1 unit 

ABCDEF 
E,=Ounit eeeeee 

E, = 3 units 

E, = 2 units 

(b) 
A B D E le 

E,=1 unit e———— eas 2g a SE NeEeS ce be ti) ee 

BiG iD EE Aw GDI AB DEF ABIG EFF ABCD F ABCDE 
E,=Ounit -e3evee @ #90 O-O-—_ 8-8-9 ©2866 ee @¢o@ © 

E, = 3 units 

A B 
BE = 2 units, e———— 6 

(c) 
AB Ag 2G: CD B F 

Ej. = Aeunit eo—__—___ e—_o—___ Oe —@—___—_® 

BCDEF Ase GDIE-F CDE Ber Oe AB EF A CDE 
E, = O unit —® @-@8-@ ©—_@-00-8 —-9-98-8-© —@—_® 6-®© ee 6 @X—-0-H— 

Figure 49.2 Examples of how molecules can be arranged among energy levels. Each arrangement is called a complexion. (a) 
There is only one way of arranging the six molecules if they all have the lowest energy. (b) There are six ways of arranging the 
molecules if they have a total of 1 unit of energy. (c) Some of the 15 ways that the molecules can be arranged so that they have a 

total of 2 units of energy. 

The person who first made the connection between 
entropy and the number of complexions was Ludwig 
Boltzmann. In 1872 he proposed that it was possible to 
calculate the entropy, S, from the number of com- 
plexions, W, using the formula 

S=kInw Boltzmann’s equation 

where k is Boltzmann’s constant 1.38 X 10°” J K~!, and 
In W means take the natural logarithm of the number of 
complexions. 

In our example, the entropy of the collection of six 
molecules can be calculated as shown in Table 49.1. The 
values of the entropies are extremely small. One reason 
for this is that we are dealing with such a small number 
of molecules. Another reason is that we are only giving 
the molecules small amounts of energy. Suppose we had 
a mole of molecules, i.e. 6 X 107? of them, with a million 
units of energy. Then we could have a million molecules 
with energy £,, and the remainder with energy Eo. The 
number of ways of arranging the 6 x 107? molecules is 
now very high, running into billions and billions. The 
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Table 49.1. Arrangements of molecules among 
energy levels 

Energy levels Number of Entropy, 
involved complexions, W S=kIn W/J K" 

Only Ep 1 0* 
Bubs 6 247K 005 
Bork ABs 21 4.20 10723 

*Note: In 1 =0 

entropy calculated from Boltzmann’s formula is about 
400J K~!. This would be only one contribution to the 
total entropy, because there would be many other 
arrangements of the molecules among the energy levels. 
Entropies calculated in this way are called statistical 
entropies. 

To summarise our ideas on entropy this far, we can say 
that entropy is a measure of the number of ways that 
energy can be shared out among molecules. The greater 
the number of ways (complexions), the greater is the 



entropy, and vice versa. The entropy can be calculated 
from Boltzmann’s formula S=kIn W. 

49.2 The Boltzmann distribution 

Given enough time and ingenuity we could draw 
diagrams for each of the complexions for a system of 

molecules with a given total energy. However, this 
would not itself tell us the actual distribution of the 
molecules among the energy levels, Some distributions 
we would guess to be rather unlikely. Think again about 
a mole of molecules with a total of one million units of 
energy. We would expect the arrangement where one 
molecule had all the million units of energy and the rest 
had none to be extremely unlikely. We would expect 
(correctly) that the energy would be shared out in a 
more even way. Fortunately, the puzzle of discovering 
the most probable distribution has been solved. It is 
known as the Maxwell—Boltzmann distribution. In sym- 
bols the distribution says that if there are N, molecules 

Energy ' ' 
' ' 
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Number of 
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poten Steen 
s Energy E 

Figure 49.3 Two ways of looking at the Boltzmann distribu- 
tion, which is the most probable distribution of atoms or mol- 

ecules among a set of energy levels 

with energy £,, then the number of molecules, Nz, with 
energy &, is given by: 

Ng = Nyexp(—AB/KT). _. Maxwell— 
Boltzmann distribution | 

where AE= 5, —E,. 
In Figure 49.3 you can see a diagram that shows the 

appearance of the distribution. As you would expect, 
relatively few molecules reach the highest energy levels. 
The remarkable thing about the distribution is that, as 
we have already said, it is the most probable distribution. 
When a group of atoms or molecules reaches the most 

probable distribution, their entropy is a maximum. Also, 
the most probable distribution is the final distribution 
that the system reaches. This means that it is the distribu- 
tion that we would find at equilibrium, i.e. when there is 
no overall change in the system. 

49.1 Because Boltzmann’s formula for entropy uses 
logarithms, it has a very useful property. To see what 
it is, we shall take our six molecules again. With one 
extra unit of energy we know that there are six ways 
of arranging the molecules. Now imagine a second 
set of six molecules, with the same set of energy 
levels and one extra unit of energy. They too have six 
possible arrangements. 

(i) Explain why the total number of arrangements 
when both sets of molecules are combined is 36. 

(ii) Calculate the entropy of the combination. 

(iii) Compare your value with that in Table 49.2 for 
one set of six molecules. 

49.2 This question is about the Boltzmann 
distribution. 

Hydrogen chloride has a strong vibration at a 
frequency of 8652 x 10'°s"'. 

(i) Use Planck’s equation to calculate the energy gap 
between the two vibrational energy levels involved. 
This gives you the value of AE in the equation for the 
Maxwell—Boltzmann distribution. 

(ii) What is the value of AT at 298K? 

(iii) Now assume that there are 10° molecules in the 
lower of the two vibrational levels. How many mol- 
ecules would there be in the higher level? 

(iv) Would you expect your answer to be absolutely 
accurate? 

49.3 More about energy levels 

We have said that gas molecules have translational, 
rotational and vibrational energy levels available to 
them. However, in a solid the molecules are held at 
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particular places in the crystal lattice; they are not free to 
move about like the molecules in a gas. Neither are they 
able to rotate freely like gas molecules. Therefore, if we 
give energy to a solid, the majority of-it must go to 
increasing the vibrations of the molecules in the lattice. 
By this we mean that the molecules as a whole move 
about more violently, and that the atoms in the mol- 
ecules vibrate more energetically. The key point to 
understand is that, compared to a gas, the molecules in a 
solid have far fewer energy levels available to them. 
Therefore the number of complexions for a solid is much 
smaller than that for a gas; and as a result the entropy 
that we would calculate from Boltzmann’s formula 
would be far less for a solid than for a gas. As you might 
expect, the entropy of a liquid would be somewhere 
between that of a gas and a solid. 
We now have the pattern of Table 49.2. Please be 

aware that in drawing up Table 49.2 we are speaking in 
qualitative terms, and we are not trying to be precise. For 
example, the number of complexions changes with the 
number of molecules involved, so it could be that a large 
amount of a solid might have a higher entropy at room 
temperature than a much smaller amount of a gas. 
Similarly, vibrational and rotational energy levels 
change with the nature of the molecules involved. For 
example, a gas composed of linear molecules, e.g. CO,, 
has fewer vibrational and rotational energy levels avail- 
able than does a gas of non-linear molecules, e.g. NH. 

Table 49.2. Comparison of entropies 

State Number of complexions Entropy 

Solid Small Small 
Liquid Medium Medium 
Gas High High 

49.3 Explain why ‘the entropy of a liquid would be 
somewhere between that of a gas and a solid’. 

49.4 Entropy changes and mixing of 
gases 

Now we come to two tricky points about gases, both of 
which are to do with quantum theory. 

Starting with Schrédinger’s equation, it can be shown 
that the translational energy levels available to a gas 
depend on the volume of the gas. The spacing of the 
energy levels decreases as the volume increases, and the 
smaller the gaps between the levels, the easier it is for 
molecules to occupy them. Let us use some round num- 
bers to illustrate this. Suppose a molecule can have, at 
most, 100 units of energy. If the gap between levels is 20 
units, and the lowest level is at 0 units, then there are six 
levels (0, 20, 40, 60, 80 and 100) that the molecule can 
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occupy. If, on the other hand, the gap between levels is 5 
units, there are now 21 levels that can be occupied. Thus 
there is a larger number of accessible levels in a large 
volume, and a smaller number in a small volume. In 

turn this tells us that the number of complexions increases if 
the volume of a gas increases, and vice versa. Given the link 
between entropy and the number of complexions 
expressed in Boltzmann’s equation, we can now say 
that: 

An increase in volume of a gas bone with it 
an increase in entropy. 

It is interesting to see what happens if we mix two dif- 
ferent gases as shown in Figure 49.4. When the gases are 
mixed, each has a larger volume to occupy than when it 
was separate. It is for this reason that the entropy of the 
mixture is greater than that of the two separate gases. 

Figure 49.4 Mixing two different gases increases entropy. 
(a) Before mixing, each gas has the same volume, V, say. 
(b) After mixing, each gas has twice the original volume in 
which to move, 2V 

The second point is more complicated than the first. If 
you look back at section 49.1 you will find that we 
worked out the number of complexions for a set of six 
molecules in a solid. We labelled them A to F. In doing 
this we assumed that we could tell each of the molecules 
apart from all the others. The reason why we could dis- 
tinguish them is that each one had a fixed, identifiable, 
position in the crystal lattice. Now suppose that we could 
not tell the six molecules apart, i.e. that they were indis- 
tinguishable. It would no longer be possible to label 
them A to F — we would not know which was which. 
Our diagram (Figure 49.2) showing the different com- 
plexions must change — see Figure 49.5. There is still 
only one way of arranging the six molecules with total 

E, = 3 units E, = 3 units 

E, = 2 units E, = 2 units 

E, = 1 unit E, = 1 unit -CCe tee 

Ey = 0 unit All six molecules E) = 0 unit Five molecules 

Figure 49.5 When the six molecules are indistinguishable, 
there is still only one way they can have the lowest energy. 
But there is now only one way in which they can have 1 unit of 

energy 



energy &); but there is also only one way in which we 
can assign the molecules one unit of energy, £,. Given 
that the molecules are indistinguishable, it does not mat- 
ter which molecule has energy £,, and which have &p. 
(Indeed, from a scientific point of view it does not make 
sense even to ask ‘which one has energy E,?’ We have 
no means of answering the question.) In short, the num- 
ber of complexions for indistinguishable molecules is 
markedly different to the number for distinguishable 
molecules. 

This brings us to our key point: 

According to quantum theory the molecules | 
in a pure gas are indistinguishable. 

For example, according to quantum theory it does not 
make sense to regard one hydrogen molecule in hydro- 
gen gas as being different in any way to another hydrogen 
molecule: One effect of indistinguishability is that if we 
mixed two samples of the same gas we would find that 
there is no change in entropy. Even though it is correct, 
this result can be hard to understand. In part, the 
explanation lies in looking more deeply at our notion of 
‘mixing’. Given that molecules of the same gas are indis- 
tinguishable it does not really make sense to speak about 
them mixing. It may help you to understand this point if 
you think about the opposite process: unmixing. If the 
molecules are different, then we could unmix them, for 
example by making use of their unequal rates of diffu- 
sion. However, we cannot unmix molecules of the same 
gas. 

It is possible to distinguish the molecules of a pure 
substance in a solid because each of them has a unique 
position in the lattice. The distinguishability of molecules 
in a liquid is somewhere between that of gases and 
solids. 

These are deep matters, and mysterious in their way, 
as are any of the other results of quantum theory, such as 
wavefunctions or electron spins. We shall not pursue the 
matter further here, but if you study physics or chemistry 
further you will find out more about such puzzles in 
books about statistical thermodynamics. 

49.4 We have said that there is an increase in 
entropy when gases mix. There is also a change 
when a gas expands. For n moles of a perfect gas 
that expands from a volume V, to V, at a constant 
temperature, the change in entropy is 

AS =nRIn(V./V,) 

where R is the gas constant (8.314 J K~' mol~'). 
What is the entropy change when the volume of 

1mol of a perfect gas changes from 1dm* to 
100 dm?? 

49.5 Entropy and disorder 

Water can exist in two different states: solid (ice) and 
liquid. We know that ice is held together by hydrogen 
bonds between the water molecules (Figure 49.6a) and 
that the large amount of hydrogen bonding in (liquid) 

coe gape 
rea Sethe 

Figure 49.6 (a) How water molecules are arranged in ice. 
Notice the large amount of empty space in the structure — 
hence the lower density of ice compared to water. (Diagram 

* taken from: Pauling, L. (1960). The Nature of the Chemical 
Bond, 3rd edn, Cornell University Press, New York, p. 465, 
figure 12.6). (b) In liquid water the molecules are no longer 
held so tightly in position. There is a large number of new 
translational energy levels open to them. Hence the change 
ice— water gives an increase in entropy 
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water is responsible for its high boiling point. If we heat a 
cube of ice at 0°C the structure of the solid is disrupted. 
The ice melts (Figure 49.6b); but if the heat is supplied 
very slowly the temperature does not change. The water 
remains at 0°C. We know that some hydrogen bonds 
have been broken in this process, and that new ones will 
have been made. However, the main change is in the 
state of the molecules. There is a change from solid to 
liquid, so there will be a corresponding increase in the 
number of translational energy levels and in the number 
of complexions. Therefore there is also an increase in 
entropy. 

However, if you read another book that describes this 
change you will find that the author may explain that 
there is an increase in entropy because there is an 
‘increase in disorder’. The story may go something like 
this: 

In ice the molecules are arranged in an orderly way, with 
the molecules in fixed positions in the crystal. In water 
the molecules are free to move around and they become 
mixed up. Therefore the arrangement of the molecules 
in water is much more disorderly than it is in ice. This 
increase in disorder is the cause of the increase in 
entropy. 

Here is a similar explanation of the entropy increase 

when different gases mix: 

Suppose we had two gases, A and B, in separate 
insulated containers joined by a tap. Then we open the 
tap. The gases will, of their own accord, mix. This will 
happen even with ideal gases for which there is no heat 
change on mixing. Again, there has been an increase in 
the disorder of the system. If we were to take a sample of 
the gas from the left-hand container at the start of the 
experiment we would be certain to pick out a molecule of 
A. After the mixing, on average, we would have equal 
chances of picking out a molecule of A or a molecule of 
B. The probability of retrieving a molecule of A has redu- 
ced from 1.0 before mixing to 0.5 after mixing. This 
change in probabilities reflects the increase in disorder. 
This increase in disorder represents the increase in 
entropy. 

The problem with these explanations is that they are 
incorrect. Entropy is not directly related to the ‘mixing 

up’ or ‘increase in disorder’ of molecules as they are 
distributed in space. For the change ice to water, entropy 
increases owing to the change in the number of com- 
plexions following the increase in translational energy 
levels. For the mixing of different gases, it is the increase 
in volume open to their molecules and the rise in the 
number of complexions that this causes that are respon- 
sible for entropy increasing. 

However, from Table 49.2 we can see that (all other 
things being equal) if there is a change solid to liquid, or 
liquid to gas, there will be an increase in entropy. The 
important point to realise is that it is not sensible to 
explain these changes in terms of the ‘order’ and ‘dis- 
order’ of arrangements of molecules in space. It is the 
change in the number of complexions that we must con- 
sider to explain changes in entropy. To calculate the 
precise change in the number of complexions is not an 
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Table 49.3. Rules of thumb for predicting entropy 
changes* 

Change Entropy change 

Solid to liquid Increase 
Solid to gas Increase 
Liquid to gas Increase 

Liquid to solid Decrease 
Gas to solid Decrease 
Gas to liquid Decrease 

*See text for a discussion of these,‘rules’ 

easy task, and one that we shall not attempt. Instead we 
shall use a rule of thumb method to help us to predict 
whether entropy increases or decreases in a chemical 
change. The rule is outlined in Table 49.3. 
Now consider two examples. 

Example 1 

How will the entropy of the reactants and products 
compare in the change 2Na(s) + Cl,(g)—> 2NaCl(s)? 

Here we can see that we start with a solid and 
gas, and finish with a solid. Owing to the loss of the 
translational and rotational energy levels available 

to the chlorine gas, there is likely to be a decrease in 
entropy. That is, the combination of solid plus gas 
should have more entropy than a solid only. Cal- 
culation shows that this is in fact the case. However, 
be aware that we have neglected many factors; for 
example, we do not know how the vibrational energy 
levels of sodium, chlorine and sodium chloride 
compare. 

Example 2 

How will the entropy of the reactants and products 
compare in the change H,(g) + Cl.(g)—> 2HCI(g)? 

Here we start with two moles of gas, and finish 
with two moles of gas. Considering just translational 
energy levels, we might expect there to be little or no 
change in entropy. We are not in a position to say 
what happens to vibrational or rotational energy 
levels, So we must content ourselves with predicting 
that the entropy change in the reaction could be very 
small. Calculation shows that, under standard con- 
ditions, there is a small decrease in entropy (about 
TO Ko? mols. 



49.5 In which of these changes would you expect 
the entropy of the system to increase? 

(i) H,O(!) > H,0(g) 

(ii) H(g) +302(g) > H,0(|) 
(iii) Mg(s) + 2HCI(aq)—> MgCl,(aq) + H.(g) 

(iv) Haemoglobin(aq) +O,(g)—Oxyhaemoglobin(aq) 

49.6 Reversible and irreversible 

changes 

If you have studied chemistry before you are likely to 
have met a number of reactions that are called ‘revers- 
ible’ reactions. An example is the reaction of nitrogen 
and hydrogen to give ammonia: 

N,(g) + 3H2(g) = 2NH;(g) 

The symbol = means that the reaction can go both 
ways; the ammonia can react back to give nitrogen and 
hydrogen. In thermodynamics we use the word ‘revers- 
ible’ in rather a different way to this. Here it tells us 
something about the way in which a reaction (or any 
change) is carried out. For example, we have already 
said that the change ice to water is very common. In one 
sense the change is reversible because the ice can change 
to water, and vice versa. Now let us think about the way 
that the change might take place. 
We could place ice in a beaker and put it over a bun- 

sen flame; very soon liquid water would appear. Com- 
pare this with putting the ice in an insulated flask that 
has a tiny electric heater in it, together with an equally 
small cooling unit (Figure 49.7). If we connected the 
heater to a battery through a variable resistance, we 
could arrange that a current as low as a few millionths of 
an amp could flow into the heater. This would melt an 
absolutely tiny amount of ice. Likewise, we could use the 

(a) (b) 

WIA CLL A 

SESSA SS 
Salat 

Heater 

Insulated container 

Figure 49.7 (a) The first method of changing between ice and 
water is not reversible (in the thermodynamic sense). (b) In 
the second diagram, the change can be done in a way that is 
almost perfectly reversible 

cooling circuit for a fleeting instant to withdraw the tiny 
amount of heat supplied. In this case the change of ice 
into water, and water into ice, would have been carried 
out almost perfectly reversibly in the thermodynamic 
sense. In a perfectly reversible change the ice and water, 
and their immediate surroundings, would have been 
returned to their initial states without any change in the 
rest of the universe. With the beaker of ice over a bun- 
sen, a large change would take place in the surround- 
ings. A significant amount of energy would have been 
given off by the bunsen, much of which would escape 
into the atmosphere. Also, there would be no guarantee 
that the water in the beaker stayed at 0°C while the ice 
was melting. Here the ice, water and surroundings could 
only be brought back to their initial states by causing 
some other change in the surroundings, e.g. by doing 
work running a refrigerator to refreeze the water. 

In the second case, the change takes place in such a 
way that the changes in the ice, water and surroundings 
are extremely small. We could also guarantee that the 
water from the ice remained at 0° C. This change is much 
closer to being reversible in the thermodynamic sense. 

Here are the two senses of ‘reversible’: 

Ordinary sense of ‘reversible’: a reaction that can 
‘go both ways’. 

Thermodynamic sense of ‘reversible’: a change 
that takes place in a system and its surround- 
ings so that there is no observable change in 
the universe. 

For the rest of this unit we shall use the term ‘perfectly 
reversible’ to mean a reversible change in the 
thermodynamic sense. See p. 287 about ‘the universe’. 

49.7 Some changes are spontaneous, 

some are not 

Changes that take place of their own accord are called 
spontaneous changes. Examples are water evaporating 
from a puddle, oxygen molecules bonding to the 
haemoglobin in our blood, and a gas expanding from a 
region of high to a region of low pressure. You should 
realise that spontaneous changes like these do not take 
place under reversible conditions. 

Some changes only occur if we do work to make them 
happen. These changes are not spontaneous. Examples are 
a gas at atmospheric pressure liquefying above its normal 
boiling point, magnesium oxide at room temperature 
and pressure splitting into magnesium metal and oxygen 

~ gas. To understand these points you should appreciate 
that, in thermodynamics, work is any energy change 
that is not a heat change. In this sense, we use a battery 
to do electrical work in pushing a current through the 
bulb to make it light up, we have to do work in com- 
pressing a gas to make it liquefy, and so on. 
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Spontaneous changes take place without the 
need to do work. 

Non-spontaneous changes only take place when 
work is done. 

One thing that can be confusing about the way we talk 
about spontaneous changes is that some of them take 
place only very slowly. For example, coal burning is a 
spontaneous change. However, at room temperature this 
change takes place infinitely slowly. To make the reac- 
tion go faster we have to ignite the coal. This is not a 
matter of thermodynamics, but one of kinetics (rates of 
reactions; see Units 77-79). Many reactions like this are 
kinetically very slow, but we still call them spontaneous 
reactions. 

Thermodynamics is not at all concerned with 
how fast reactions take place. 

49.6 Which of the following are spontaneous 
changes? 

(i) A ball rolling downhill. 

(ii) A mixture of nitrogen and oxygen gases changing 
into separate samples of the two gases. 

(iii) Instant coffee granules dissolving in water. 

(iv) Petrol burning. 

49.8 Entropy and reversible changes 

We use the symbol S to stand for entropy and AS for a 
change in entropy. If there is a perfectly reversible 
change that takes place at a temperature T (measured in 
kelvins, K), and the heat change is AH,.,crsipje the 
entropy change in the system is given by 

INET eersiole 
NS ters = er ae 

For the change ice water, AH, versie = + 6-01 kJ mol}. 
This change takes place at 273 K. If the ice melts to water 
in a reversible way the entropy change within the system 
is 

_ 0.0L KJ mol? 
system DUR K 

Note that the units of entropy change are J K~! mol"!, 
and that these are not the same as enthalpy (which is 
measured in kJ mol™'). 

Now, the heat required to melt the ice must come from 
somewhere, and in this case we shall simply say that it 
has come from the surroundings. If the ice/water system 
has gained 6.01 kJ for each mole of ice converted to 
water, then the surroundings must have lost 6.01 kJ 

AS =+22.0J K™! mol! 
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mol-'. For the surroundings, AA,.versipie= —6.01 kJ 
mol~'. In our carefully controlled reversible process, the 
surroundings remain at 273K as well as the ice and 
water, so 

= 6-01 kJ mol surroundings 
273K 

For any reversible change, not just this one, it is found 
that: 

AS =—22.0J K7! mol} 

BS ton ¢ AS umoundings = 0 (reversible change) 

49.7 Achange from solid to liquid, or liquid to gas, is 
called a change of phase. If we write the enthalpy 
change as AHpnase, then the corresponding entropy 
change is 

AH pre hase 
NS cease = —_ ose 

The enthalpy change on fusion of mercury is 
2.31 kJ mol~'. Fusion is another name for melting. 
Mercury melts at 234.3 K. What is the entropy change 
if it melts reversibly? 

49.9 Entropy and non-reversible 
changes 

It can be helpful to think about the connection between 
the heat and entropy changes in a spontaneous change. 
We know that for a perfectly reversible change AS system 
= AF,eversibie/ 7. This equation could be written in another 
Way as 

A _ heat change at temperature T 
Sreversible i = =a) |) Ss be a ce 

Je 

Unlike our perfectly reversible ice—water change, the 
majority of heat changes take place when there is a dif- 
ference in temperatures between the system and the sur- 
roundings. Suppose we have a large thermostatted bath 
of hot water kept at a temperature of 350 K (77°C) ina 
laboratory that has a temperature of 300 K (27°C). The 
bath of water is the system, and the laboratory is the 
surroundings. Now let us assume that 1 J of energy is lost 
by the bath of water, and that 1J is gained by the 
laboratory. We shall assume (i) that the bath remains at 
350K and the laboratory at 300K during this change, 
and (ii) that the transfer takes place under perfectly 
reversible conditions. 

The entropy change of the system will be 

NSS cen = lS 
350K 

and of the surroundings will be 

geet Ld 
surroundings 300K 

=—0.002 857J K“ 

AS. ~ 0.003 333J K"! 



There is a negative sign in the formula for AS 
because the system has Jost 1J of energy. 

The total entropy change is 

Sas tp AS. roundines 

== — i002 S57 K* + 0,003,333) K~! 

~=+0.000 476J K"! 

This is one particular example of a general rule. In a 
spontaneous (non-reversible) change, the total entropy 
change is always greater than zero. It is always found 
that: 

system 

. : BS en 7 DS rounding: >0 (non-reversible change) 

By way of shorthand we shall call the combination of 
the system and surroundings ‘the universe’. This is not 
the same universe as astronomers might think of. For 
example, in the case of ice melting in a laboratory, for all 

Example 3 

The equation for the reaction of magnesium burning 
in oxygen is 

Mg(s) + 30.(g) > MgO(s) 

If we think about the entropy changes in this reac- 
tion, it is natural first to consider the system, i.e. the 
magnesium and oxygen changing into magnesium 
oxide. This represents a change of a solid plus gas 
into a solid. The disappearance of the gas should 
lead us to expect a considerable decrease in the 
entropy of the system. (Later, we shall be able to 
show this to be true by calculation.) However, if we 
now turn our attention to the surroundings, a huge 
amount of energy has been released. If you have 
seen magnesium burning you will know that some of 
this energy goes into light, and much into heat. The 
heat produces more rapid random motion of the 
molecules of air in the atmosphere and an increase 
in the number of complexions. This increase in 

Example 4 

When a solution of, say, salt in water becomes 
saturated, a slight loss of water causes crystallisa- 
tion to occur. Here we are making a solid from a 
solution, and therefore decreasing the number of 
complexions owing to the loss of rotational and 
translational energy levels available to the mol- 
ecules. However, let us look a little more closely at 
the system. 

First, not all the water molecules in salt water are 

completely free to move. The ions are surrounded 
by their hydration spheres of water molecules (see 

practical purposes the universe will be the laboratory, 
and its immediate surroundings. Thus we can say that 

BS 0 ___ (non-reversible change) 

This result cannot be proved; rather it is a statement of 
experience. Every non-reversible change that has been 
investigated shows that the total entropy of the universe 
is greater after a non-reversible change than it was before 
the change. 

Left to themselves, changes do not occur reversibly, 
sO: 

Spontaneous changes always occur with an 
_ increase of entropy of the universe. 

The next few examples might help to convince you of 
this. 

entropy of the surroundings overcomes the 
decrease in entropy of the system (Figure 49.8). 

Entropy of surroundings increases “a 

Heat Heat 

ean 
Figure 49.8 Even though a reaction may appear to produce a 
decrease in entropy, overall entropy will increase. Often the 
increase is caused by heat being given off 

Entropy 
decreases 

Unit 60). Although the ions themselves can no 
longer move about so freely when they take up their 
positions in the crystals, the water molecules 
released from the hydration spheres become more 
able to move about (Figure 49.9). Thus there is a 
decrease in the number of complexions open to the 
ions, but an increase on the part of the water mol- 
ecules in the hydration spheres. 

Secondly, when solids crystallise from a solution 
there is a heat change; it is an exothermic process. 
Thus, when the salt crystallises the system is 
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Sodium chloride in solution Salt crystals Water molecules 
released from 
the hydration 
spheres 

Figure 49.9 Crystals made ina solution give the impression of entropy decreasing. However, water molecules lost from the 
hydration spheres provide an increase in entropy. Also, crystallisation usually gives out heat, which tends to increase 
entropy 

heated, and so are the surroundings. The increase 
in heat energy brings about an increase in entropy, 
because at a higher temperature the ions and 
molecules can spread over a wider range of 
energy levels, and the number of complexions 
increases. 

49.8 Inthe changes of question 49.5, which of them 

will cause an increase in the entropy of the universe? 

49.10 Standard entropies 

We have seen that the entropy of a solid is less than that 
of a liquid or gas, and that the number of complexions 
increases as temperature increases. This suggests that, if 

we want to reduce the entropy of a substance to a 
minimum, we should first make sure it is a solid, and 
then that it is at as low a temperature as possible. The 
lowest temperature possible is absolute zero, OK. So if 
we had a perfect crystal at 0 K we would expect it to have 
the lowest entropy possible. In fact, we say that: 

The entropy of a perfect crystal at 0K is zero. 

This statement is called the third law of thermodynamics. 
For example, perfect crystals of hydrogen, of sodium, 

or of iron are all assumed to have zero entropy at OK. 
Our zero level of entropy is quite unlike the definition of 
zero levels of enthalpy. For example, the enthalpies of 

288 Physical Chemistry 

Thus we have one major source of entropy 
decreasing (ions in solution forming crystals), and 
two sources of entropy increasing (liberation of 
water molecules in hydration spheres, rise in 
temperature). When the sums are done, it is found 
that there is a greater increase than decrease. 

formation of these elements are zero at 298K and 

101.325 kPa. 

Actually it is impossible to measure entropy changes 
right down to OK because absolute zero cannot be 
reached. However, we can get to within a few hun- 
dredths of a degree of absolute zero. Another difficulty is 
that perfect crystals are hard to come by. Perfect means 
just that: no defects in the arrangements of the atoms, no 
mixtures of isotopes of any of the atoms, and so on. The 
entropy of a substance at temperatures just above 0K 
can be measured. Estimates are made for the 
temperatures very close to 0K. The measurements need 

not concern us; we can concentrate on the results. They 
are given the symbol S®, and are known as standard 
entropies. (They can also be called third law entropies.) 
Some standard entropies are given in Table 49.4. 

The figures show that, as we would expect, the 
entropies of gases tend to be greater than those of liquids, 
which in turn are greater than those of solids. There are 
other factors at work though. One is that, if you compare 
solids, the standard entropy increases as the mass of the 
substance increases. This is because of the energy con- 
tribution to entropy. Heavier atoms, ions, or molecules 
usually have a greater number of energy levels available 
to them. Therefore a greater number of complexions can 
occur; hence entropy increases. Other complications 



Table 49.4. Some values of standard entropies, S°® 

Substance SS Substance Se 
(ike imol* (Ike =molet 

H,(g) +130.6 C(s) (graphite) +5.7 
N,(g) +191.4 S(s) (rhombic) — +31.9 
O3(g) +204.9 Na(s) ols) 

CL (g) +223.0 Zn(s) +414 
L,(s) 411611 Cu(s) 2333 
H,0(1) +70.0 NaCl(s) +724 
H,0(g) +188.7 Mg0O(s) +26.8 
CO,(g) ae 18.6 CuSO,:5H,O(s) +305.4 
NO(g) +210.5 Fe,0,(s) +146.4 
CoH(I) +1728 C,H;OH(1) +160.7 
CH,(g) +186.2 CH,COOH(l)  +159.8 
C,H, (g) OS. CHC], (1) +201.8 
H* (aq) 0.0 Cl“ (aq) +56.5 
Cu?* (aq) —98.6 Br (aq) +82.4 
Zn2* (aq) ~106.4 SO,2- (aq) +20.1 

appear when there are different types of bonding. 
Especially, liquids that are hydrogen bonded tend to 
have lower entropies than similar liquids that have no 
hydrogen bonding. (You can think of the hydrogen 
bonds restricting the motion of the molecules.) 

The entropies of ions in solution are calculated using 
the same convention as for the enthalpy of formation of 
ions in solution. We define the standard entropy of a 
hydrogen ion in solution as zero, just as we define its 
enthalpy of formation as zero. 

49.11 Calculating entropy changes 

Entropy changes can be calculated in much the same 
way as enthalpy changes. For example, in the reaction 

H,(g) +30,(g) > H,O(1) 

the entropy change is 

eo het SS 
Products Reactants 

= S°(H,O(1)) — S°(H2(g)) — 35°(O2(8)) 
= + 70.0 —130.6 —4(204.9) J K~! mol7! 
=—102.45J K"! mol” 

Notice that the entropy change is negative, which we 

should expect given that a liquid is made from two gases. 
Now look at this reaction: 

2N.(g) +302(g) > NO(g) 

Entropy change is 

S°(NO(g)) —3S°(N3(g)) — 38°(O3(g)) 
= + 210.5 —4(191.4) —4(204.9) J K-! mol"! 
= +1235. JK ! mol? 

Here is a reaction that takes place with a slight increase 
in entropy even though there is no overall change in 
volume. (There is a total of one mole of gas at the start 
and one mole of gas at the end.) The change in entropy is 
the result of the gases having different ranges of 
rotational and vibrational energy levels open to them. 

49.9 Trouton’s rule says that the entropy change of 
vaporisation of one mole of a liquid is approximately 
+85J K~' mol”. For example, 

_CF,Cl,(l)—> CF2Cl(g); ASyap= +83.6 J K~' mol7' 
CCI,(I) > CC1,(g); AS ap = +85.3J K~' mol! 
CS,(l) > CS,(g); AS\ap = +83.6 J K~' mol" 
C,H,(l) ~ CgH,(g); AS\ap = +86.9 J K~! mol! 

Why do you think that these values are very much the 
same? 
(Hint: compare the states of the starting materials and 
the products.) 

49.10 Some substances show much larger en- 
tropies of vaporisation than those expected from 
Trouton’s rule: 

H,O(I) > HO0(g); AS yap = +109.1 J K~! mol" 
CH,OH(I) > CH,OH(g); 

AS yap = +104.4J K~! mol" 
C3H,OH(l) > C,;H;,OH(Qg); 

AS\ap = +110.1 J K~* mol 

What could be causing these three liquids to show an 
entropy change that is greater than we might 
otherwise expect? To help you find the answer, think 
about this: either the vapour must have a greater 
entropy than expected, or the liquid have a smaller 
starting entropy. Which is it? (Hint: think about 
bonding!) 
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Answers 

49.1 (i) There are 6 x6 arrangements in all. 

(ii) 4:94 10K: 

(iii) It is double the value in the table. The entropy for 
a number of complexions, W,, is klnW,; that for W, 

complexions is kIn W,. If the two systems are combined 
the total number of complexions is W, x W5,, so the 
combined entropy is kIn(W, x W,). But kIn(W, x W.,) 
=kIinW,+kInW,. This shows that because of the 
logarithm in Boltzmann’s formula, the entropy of the two 
combined systems is the sum of the individual entropies. 
This-is the reason why your answer should have been 
twice that in the table. 

49.2 (i) E=hf=6.626 x 10-°4J s x 8652 x 10'°s~ 
= 5.733 x 10-29 J 

(i) AT= 1.38 10 JK! x 298K=4.411 x10 71J. 

(iii) Here, N,= 10° and AE=5.733 x 10°*°J, so 

Ng = 10° x exp(—5.733 X 107-0 J/4.11 x 1072" J) =0.9 
(iv) For obvious reasons the answer is not completely 
accurate: we cannot get fractions of molecules. In any 
case there is a constantly changing situation in the gas. 
The answer means that, on average, there is less than 

one molecule in a million in the upper vibrational level at 
room temperature. Very occasionally one or more mol- 
ecules reach the upper level. This is the usual situation 
for molecules. Their vibrational energy levels are so far 
apart that at room temperature they do not have enough 
energy to reach the higher levels. Almost all of them 
exist in their ground states. 

49.3 Molecules in a solid are not free to move, in gases 

they are completely free, and in liquids they are partially 
free. Thus gases have the most energy levels open to 
them, and solids the least, with liquids in between. 
Hence the number of complexions, and therefore 

entropy, follows the same pattern. 

49.4 The entropy change is 

AS =1mol xX 8.314J K~! mol"! x In(100 dm%/1 dm°) 
= 38:29.J-K— 

49.5 (i) and (iii). In both of these there is a change in 
which the amount of gas increases. These changes 
should produce an increase in entropy. For (ii) and (iv), 
there is a decrease in the amount of gas, and so there 
should be a corresponding decrease in entropy. 

49.6 (i), (iii) and (iv) do not require us to do work, so 
they are spontaneous changes. , 

49.7 ASphase = AMphase/T = 2.31 kJ mol~'/234.3 K 

=9.86J K"' mol’ 

49.8 In real life the changes will occur under non- 
reversible conditions, so all four of them will cause the 

entropy of the universe to increase. It is only under per- 
fectly reversible conditions that the entropy of the 
universe will not increase. 

49.9 In each case we start with one mole of liquid and 
convert to one mole of gas. The latter has a volume of 
(about) 24dm® in each case. By comparison the 
volumes of the liquids are insignificant. Therefore the 
changes are very similar, and roughly the same entropy 
increase Occurs. 

49.10 Each of the liquids has a large amount of hydro- 
gen bonding between the molecules. This means that 
their molecules are more restricted in their movements. 
As a consequence they have fewer translational (and 
rotational) energy levels open to them. When these mol- 
ecules are released into a vapour they have a cor- 
respondingly greater increase in the number of 
translational energy levels available to them than mol- 
ecules that were not hydrogen bonded in the liquids. 
Hence there is a greater increase in entropy than expec- 
ted from Trouton’s rule. 

UNIT 49 SUMMARY 

Entropy depends on the number of arrangements of 
atoms or molecules among energy levels, i.e. the 
number of complexions. 

The greater the number of complexions open to a 
system, the greater is the entropy (and vice versa). 

Ordinary sense of ‘reversible’: 
A reaction that can ‘go both ways’. 

Thermodynamic sense of ‘reversible’: 
A change that takes place in a system and its 
surroundings so that there is no observable change 

in the universe. 
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@ Spontaneous changes take place without the need to 

do work. 

@ Non-spontaneous changes only take place when 

work is done. 

@ Thermodynamics is not at all concerned with how 

fast reactions take place. 
@ The Maxwell—Boltzmann distribution 

N,=N, exp (—AE/KT) 

is the most probable distribution of molecules 

among the available energy levels. 



D0 
Free energy 

50.1 What is free energy? 

To help us answer this question we shall take a careful 
look at a particular reaction. The one we shall use is 

Zn(s) + Cu* (aq) > Zn?* (aq) + Cu(s); 
AB? =—216.7ki.moly} 

AS®=—15.9,K-' mol"! 

If we merely mix zinc metal with copper(II) sulphate 

Copper can 

Zinc rod 

Zinc sulphate solution 

Porous pot 

Copper(l!) sulphate- 
solution 

Wire 

Much expanded 

view 

solution, the energy of the reaction is not used to any 
good purpose; a lot of heat is generated, but no work is 
done. However, in a Daniell cell the reaction can be 
used to do work (Figure 50.1). 

There are many ways in which we can use the cell. 
One way would be to connect a piece of wire between 
the positive and negative terminals. If you were to do 
this, the electrons from the zinc could flow through the 
wire round to the copper ions. Because the wire has a 

Movement of electrons 

®e ® 
“through wire —~&® 9 @ 

Part of 
a can 

Cu?" ions in the solution 
take electrons off 
the surface of the 
copper (two each). 
The copper atoms 

Part of 
zinc rod 

Zinc atoms on the 

surface lose electrons 
(two each). The Zn** 
ions made go into the 
solution. The electrons build up on the 
travel through the surface as a new 
wire to the copper layer 

Figure 50.1 A Daniell cell consists of a zinc rod dipping into a solution of zinc sulphate, and copper in contact with copper‘(t) 
sulphate solution. Often the solutions are kept from mixing by using a porous pot. The same reaction takes place as when Zinc is 
added to copper(i) sulphate solution: Zn(s) + Cu?*(aq)— Zn?* (aq) + Cu(s). However, instead of the electrons hopping directly 
from the zinc to the copper ions, in the cell they would have to travel through the wire connecting the zinc and copper 
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Electrons 

Short-circuited: no useful work, 
only a lot of heat generated 

Load 

is lifted 

Connected to a motor, work can be done 

Figure 50.2 If the zinc and copper are connected by a wire, 
the cell does no work. It is more sensible to make the 
electrons travel through a motor. Then the cell will do useful 
work. 

very low resistance, there would be nothing to stop the 
flow of electrons; the cell would be short-circuited. 
When this happens a great deal of heat is generated, but 
no useful work is done. Using the cell like this is no 
better than mixing the chemicals in a beaker. Now sup- 
pose we connect the terminals of the cell to an electric 
motor (Figure 50.2). This time the cell can be made to 
do work by turning the motor, which in turn could lift a 
load. Some of the energy available from the cell is con- 
verted into work. However, we know from the last unit 
that in a spontaneous change the entropy of the 
universe increases. So not only is work done, br. 
entropy increases also. 
We have already established that, for a perfectly 

reversible change, 

change inl ‘entropy = heat change a reaeranurs fle 

Alternatively, 

heat change at temperature T= T X change in entropy 

For simplicity we shall write this as 

heat change = TAS 

We can summarise the situation with the Daniell cell 
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in the following way. The available energy change in 
the reaction can be used to do work; but some of it 
produces an entropy change: 

energy available _ energy that | heat change 
from reaction, can do work causing entropy 

AH change (=T7AS) 

Ve. 

AH= energy that can do work+ TAS 

or, 

energy that can do work= AH— TAS 

There is a special name given to the ‘energy that can do 
work’. It is called the free energy, or free energy change, 
symbol AG. Therefore we have 

AG=AH-—TAS 

Under standard conditions, 

AG? =AH?- TAS” 

This is one of the most important equations in chemistry. 
It says that: 

Only part of the energy released in a reaction — 
can be used to do work; the rest is involved in © 
an entropy change. 

The free energy change is the amount of 
energy available to do work. 

In the same way that a negative enthalpy change means 
that heat is given out to the surroundings, so too a 
negative free energy change means that work can be 
done on the surroundings. In the case of the Daniell 
cell, if we use the values given with the equation above, 

AG?®= AH? —TAS? 

= —216.7kJmol7! —298KxX(—15.9JK~!mol“*) 

= —216.7kJmol~! —298KX(—15.9X107!kJK7! 

mol7!) 
=—212kI mol’ 

(In this calculation notice that we multiplied by 10~? to 
convert the entropy value from J K~' mol! to kJ K™! 
mol“ '.) 

Here the free energy change is negative, which con- 
firms what we already know: the Daniell cell can be 
used to perform (electrical) work on the surroundings. 
This result is typical of spontaneous reactions: 

Spontaneous reactions can do work. 
Spontaneous reactions have negative free 
energy changes. 

The reverse is true of non-spontaneous reactions: 

Non-spontaneous reactions cannot do work. 
Non-spontaneous reactions bah positive free 
energy changes. 



Before leaving this section you might like to look at 
the equation AG=AH—TAS in another way. If we 
divide through by the temperature, and rearrange, we 
have 

Each term represents an entropy change. The equation 
says that 

entropy change 
te tate 

system 

entropy change 
in the 

universe 

entropy change 
= in the 

surroundings 

Table 50.1. Standard free energies of formation 
for some compounds 

Compound AG? Compound AGP? 
/kJ mol’ /kJ mol“! 

H,0(I) S370 LiCOs (s\n ee 15206 
H,O(g) 3G Na,CO,(s) —1047.7 
NH, (g) 267 CaCO,(s)  —1128.8 
CH,(g) —50.8 BaCO,(s) —1138.9 
CO(g) 373 Mg0(s) 569.4 
CO,(g) 394.4 Na,O(s) © 376.6 
C5H,(g) +68.1 Al,0;(s)  —1582.4 
NO(g) +86.6 SiO, (s) ~856.0 
NaCl(s) —384.0 BeO(s) ~581.6 
KCl(s) —408.3 Fe,0,(s)  —1014.2 
CuSO,°5H,0(s) ~1879.9 CuO(s) ~127.2 

50.2 Standard free energies 

Free energy is a thermodynamic function of state. There- 
fore we can use values of standard free energies in cal- 
culations in much the same way as we have used 
standard enthalpies. Table 50.1 lists standard free 
energies of formation for a range of compounds. Just as 
with enthalpy, we define: 

| The free energy of formation of an element in 
its standard state is zero. 

We can also use free energies of formation of ions in 

aqueous solution (Table 50.2). Here the standard state is 

defined to be a solution that contains | mol of the ion in 

Table 50.2. Standard free energies of formation 

for some ions in solution 
i 

Ion AG? Ion AG? 
/kJ mol"! /kJ mol"! 

H* (aq) 0.0 Cu?* (aq) +65.0 

Cl (aq) —131.2 Zn?* (aq) —147.1 

Br (aq) —103.9 Fe?* (aq) —9.7 

@i,0- - (aq) —1257.2 
EEE EEE 

1 kg of water. This type of solution is called a 1 molal 
solution. For many purposes we can assume that a 
1 molal solution is the same as a 1 molar (1 mol dm~’) 

solution. 
You might expect by now that the hydrogen ion 

would have a special role to play; it has. We define the 
free energy of formation ofa 1 molal solution of H* to be 
zero. 

Using these values we can calculate the free energy 
change of a wide variety of reactions. For example, in the 
reduction of copper(m) oxide by hydrogen, 

H,(g) + CuO(s)—> Cu(s) + H,O(I) 

we have 

AG®= AG%Cu(s)) + AG&(H,0(1)) 
—AG$ (H,(g)) — AG4 (CuO(s)) 

= kJimoles— 23702) k) moles 
—0kJ mol! — (—127.2kJ mol") 

= —110kJ mol"! 

However, if we work out the free energy change for 
the reaction of aluminium oxide with carbon, 

~ AL,O,(s) + 3C(s) > 2Al(s) + 3CO(g) 

we get 

AG® =2AG%Al(s)) + 3AGHCO(g)) 
— AGF(AL,O3(s)) — 3AGF(C(s)) 

=0kJ mol”! + 3(—137.3 kJ mol’) 
— (—1582.4kJ mol7!) —OkJ mol"! 

= —411.9kJ mol”! + 1582.4kJ mol7! 

=+1170.5kJ mol"! 

These two reactions have very different free energies. 
In the case of hydrogen reducing copper(I) oxide, the 
negative value of AG® tells us that the reaction is spon- 
taneous at 298K, and that it could do work on the sur- 
roundings. On the other hand, the reduction of 
aluminium oxide by carbon has a positive value for the 
free energy change. In this case the reaction is not spon- 
taneous. The reaction will not occur unless we do work 

on it. 

50.1 Use the values in Table 50.2 to work out the 
free energy change for the reaction in the Daniell cell. 
The cell reaction is given in section 50.1. 

50.2 Calculate the standard free energy changes 
for the following reactions. For each one, say whether 
the reaction is spontaneous (or not). Use the values 
in Table 50.1. 

(i) C(s) + H,O(g) > CO(g) + H2(g) 
(ii) CuO(s) + C(s) > Cu(s) + CO(g) 

(iii) Fe,0,(s) + 4C(s) > 3Fe(s) + 4CO(g) 

(iv) CH,(g) + 20,(g) > CO,(g) + 2H,0(!) 

50.3 Would you expect a cell that uses the reaction 
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2Fe** (aq) + 3Zn(s) > 2Fe(s) + 3Zn2* (aq) 

to work? 

50.4 Ethene, C,H,, is a valuable chemical because 
it can be made into polyethene. If you were the 
manager of a chemical plant and someone said they 
could make ethene out of methane and carbon in a 
spontaneous reaction, would you believe them? The 
proposed reaction is 

C(s) + CH,(g)— CH, (9) 
Use the free energy values in Table 50.1 to help you 
make a decision. 

50.3 Free energy values do not tell 
us how fast a reaction will occur 

We have just worked out that the reduction of copper(I) 
oxide by hydrogen is a spontaneous reaction. It is very 
important that you take care to understand what this 
means. In the last unit we said that, in thermodynamics, 
spontaneous does not mean that the reaction will start as 
soon as we mix the chemicals together. In fact you could 
put copper(II) oxide and hydrogen gas into a flask, leave 
them there for a year and you would find they had not 
reacted. At room temperature they simply will not react. 
On the other hand, if you heat the oxide so that it 
reaches several hundred degrees Celsius, and then put 
hydrogen with it, the reaction takes place very quickly. 
In a matter of seconds, the black powder is replaced by 
the pink colour of metallic copper. In fact: 

Thermodynamics can tell us nothing about 
how fast a spontaneous reaction will take 
place. 

However, if we find that the AG value for a reaction is 

positive, we know that the reaction will not take place at 
all under the conditions to which the AG value refers. 

50.4 Free energy changes under 
non-standard conditions 

If a reaction does not work at room temperature, one of 
the first things that we try is to increase the temperature. 
For example, a strip of magnesium will not burn in air at 
room temperature; but if part of the magnesium is placed 
in the flame of a bunsen burner, the reaction takes place 
immediately. 

In general there are two reasons why increasing the 
temperature has an effect on reactions. First, it increases 
the rate of a reaction. You will discover more about this 
in Unit 77. For the present you should remember the 
point we have already made: a spontaneous reaction 
may not happen at room temperature because it is a very 
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slow reaction. Secondly, a change in temperature can 
alter the thermodynamics of the reaction. This can hap- 
pen owing to the presence of the temperature, T, in the 
equation AG= AH — TAS. Zinc carbonate can be kept in 
bottles at room temperature for years without signs of it 
decomposing. If you work out the enthalpy, entropy and 
free energy changes for the reaction where the carbonate 
gives off carbon dioxide, you will find the following 
values: 

ZnCO;(s) > ZnO(s) + CO,(g); 
Nie eg Kim ole 

ANS? =-F175.15 K-21 mole 

AG? = +99.9kJ mol! 

The fact that AG® is positive at 298K tells us that the 
reaction (in which all the chemicals remain in their 
standard states) is not spontaneous. It does not occur 
because it is thermodynamically impossible. (Not 
because it is one of those spontaneous reactions that is 
very slow.) In data tables it is claimed that zinc car- 
bonate decomposes at around 573 K (300° C). Using our 
equation AG= AH— TAS, we have 

AG=+71kJ mol”! —573K X 175.1 X 1072 kJ K7! mol"! 

= —29.33kJ mol} 

The negative result for AG shows that at 573 K the reac- 
tion is possible. The increase in temperature has caused 
the reaction to become spontaneous. This change has 
been brought about thanks to the large entropy change 
in the reaction. (If the entropy change were about 10J 
K~' mol“!, the temperature would have to exceed 
7100 K before the reaction became spontaneous.) 

A reaction like this, which takes place mainly because 
of the increase in entropy, is called an entropy driven 
reaction. 

You should understand that any reaction that has a 
positive enthalpy change must be entropy driven if it is 
to be spontaneous. The combination of a rise in 
temperature and a large AS value can make TAS a large 
positive number. Hence —TAS becomes a large negative 
number, which overcomes AH (Table 50.3). 

It is possible that you may think there has been some 
cheating here. Are we entitled to use the standard values 

Table 50.3. Spontaneous and non-spontaneous 
reactions 

AH AS —TAS AG Comment 

YS APS AVE —ve at all T Spontaneous at all T 

= VCR CemeeaVe —veatlowT Spontaneous at low T 

+ve athigh T Non-spontaneous at 
high T 

SAS aS AS —veathigh T Spontaneous at high 
T; entropy driven 

+veatlowT Non-spontaneous at 

low T 

Tre SAK SRA +ve at all T Non-spontaneous at 
all T 



at 298 K for enthalpy and entropy changes in our equa- 
tion AG=AH-—TAS and use any value for the 
temperature? Strictly, the answer is ‘no’ because both 
AH and AS do change with temperature; but in most 
cases the predictions we make using the standard values 
agree with the result obtained when more accurate 
values are employed. For this reason, in practice, we can 
often use the standard values at 298 K without too much 
error. However, in some cases it is necessary to be accu- 
rate, especially when reactions take place on the scale 
used in industry. 

50.5 A student said that the standard free energy 

change for the reaction Al,O,(s)—> 2Al(s) + 30,(g) is 

+ 1582.4kJ mol-'. Was he correct? (Consult Table 

50.1.) 
He also said that, because the value is so large and 

positive, it proves that it is impossible to get 

aluminium out of aluminium oxide. Was he correct? 

50.6 The thermit reaction has been used to reduce 

oxides of iron. Under standard conditions the reaction 

is 

8AI(s) + 3Fe,0,(S)— 4Al,0,(s) + 9Fe(s) 

Use Table 50.1 to calculate the free energy change 

for the reaction. Is it a spontaneous reaction? Would it 

be safe to mix the aluminium and the oxide, or would 

you expect an explosion? 

50.5 Ellingham diagrams and the 
extraction of metals 

When the Earth was being formed, any metal that was 
even mildly reactive combined with one or more non- 
metals. Often the metals combined with oxygen or sul- 
phur. For example, iron is found in Nature in oxide ores 
such as magnetite, Fe,0,; lead is to be found in the 
mineral cinnabar as lead(m) sulphide, PbS; copper 

occurs in covellite as copper(m) sulphide, CuS. Some 

thousands of years ago the discovery was made, 

presumably by chance, that iron could be obtained from 

its ore by heating with charcoal (carbon). This was the 

start of the Iron Age, in which humans discovered how 

to make tools and weapons that had considerable 

strength and a long life. Under standard conditions at 

298 K a typical reaction is: 

FeO(s) + C(s) > Fe(s) + CO(g) 

We can think of this reaction as the result of a competi- 

tion between the iron and carbon for oxygen. If the iron 

wins the competition then the iron(1) oxide will not be 

reduced. If carbon wins the competition, then it will 

steal the oxygen from the iron(I) oxide. In other words, 

the competition is between 

2 Fe(s) + O3(g) > 2FeO(s); 2AG?(FeO(s)) 

and 

2C(s) + O5(g) ~2CO(g); 

For reasons that you will discover soon, both these 
equations are written so that they contain 1 mol of 
oxygen. The free energy changes are then twice the free 
energies of formation (which refer to the formation of 
1 mol of a compound). 
The equation we are seeking is 

FeO(s) + C(s)—> Fe(s) + CO(g) 

for which the free energy change is AGf(CO(g)) 
— AG?(FeO(s)). We know that the reaction will be poss- 
ible if this is negative. This tells us that AGP(CO(g)) 
must be more negative than AGf(FeO(s)). If the reaction 

2AG% (CO(g)) 

AG®/kJ mol ' 

+20 680°C 

0 | + + 
500 | 1000 1500 2000 

Temperature/°C 

—20 

~40 

Fe melts 

here 

—<«—_— Line for 

2Fe + Op > 2FeO 

—60 

—*___ FeO melts 
80 here 

—100 

—120 
<a—_—— Line for 

2C + O» > 2C0 

—140 

—180 

Figure 50.3 The Ellingham diagram showing how the free 

energy changes for 2Fe+O,—2FeO and 2C+0,—>2CO 

vary with temperature. Note: state symbols have been omitted 

because, for example, above 1539°C, iron is a liquid, and 

above 1420°C, iron(t) oxide is also a liquid 
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takes place under non-standard conditions, we omit 
the standard sign (®) and say that AG,(CO(g)) must be 
more negative than AG,;(FeO(s)). For example, let us 
suppose that AG,(FeO(s)) =—250kJ mol~!, and that 
AG,(CO(g)) =—150kJ mol. It follows that 

AG,(CO(g)) — AG,(FeO(s)) 
=—150kJ mol”! — (—250kJ mol"') 
=+100kJ mol"! 

But if AG,(FeO(s))=—150kJ mol! and AG,(CO(g)) 
=-—250kJ mol’, then the free energy change is 
—100kJ mol™!, and the reduction of the iron(II) oxide 
can take place. There are equations that allow us to 
calculate how free energy changes with temperature, but 

— 

Free energy/kJ mol a 

fortunately the work has already been done for us. In the 
case of our two equations, the values change as shown in 
the graph of Figure 50.3. 

This type of diagram was first described by H. J. T. 
Ellingham in 1944, and is known as an &llingham 
diagram. The lines show how the free energy changes for 
the two reactions change with temperature. The lines 
cross at about 680°C. Below this temperature FeO is 
more thermodynamically stable than CO. (AG for FeO is 
more negative than that for CO.) Above this 
temperature, the reverse is true, and as we have seen the 
oxide can be reduced by carbon. 

In Figure 50.4 there is a more complicated Ellingham 
diagram. Many more lines are shown. Each line refers to 

2Ag20 

CuO 
2HgO 2ZnO 

0 + Temperature/°C 
Ag} 1000 1500 2000 

Hg 
2CO, 
~<t——_ 2PbO 

—200 2S0, 
Cu,O0 <—H,0 

ee Jom 2FeO 
S SS ee 2MgO 

Pb wale 22h C SEL CO, 
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Mg 

Ca 
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2CO 

Zn 3Al,03 

2CaO 

—800 = 

A 

SiO, 

Figure 50.4 An Ellingham diagram for the reduction of oxides. (Diagram adapted from: Dannatt, C. W. and Ellingham, a bal boil 

(1948). Disc. Faraday Soc. (No.4), 126; and Ives, D. G. (1972). Principles of the Extraction of Metals, Chemical Society, London) 
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a reaction in which 1 mol of oxygen is present. For 
example, in the case of aluminium oxide, the line shows 
the free energy change for the reaction 

$Al(s) + O2(g) >$AL,0;(s) 
The beauty of an Ellingham diagram is that we only 

have to look at the relative positions of the lines to 
decide whether a particular reaction will take place. Here 
is an example: zinc is a valuable metal, partly owing to 
its use in galvanising iron. If we wish to reduce zinc 
oxide, could we use carbon monoxide, and if so, at what 
temperature will the reaction be spontaneous? You can 
see from the diagram in Figure 50.4 that the line for the 
reaction 

2CO(g) + O2(g)—> 2CO,(g) 

is more negative than that for 

2Zn(s) + O,(g) > 2ZnO(s) 

only above 1180°C (approximately). This tells us that 
carbon monoxide should remove the oxygen from zinc 
oxide above this temperature. However, it would be 
unwise to assume that the reaction would actually occur 
as predicted. We know that predictions from 
thermodynamics tell us nothing about the rate of a reac- 
tion. It might be necessary to use a much higher 
temperature to make the reaction take place at a reason- 
able rate. 

You may notice that some of the lines on, the 
Ellingham diagram have kinks in them. Usually this is a 

result of a change of state or a change in structure of a 
solid. An example is the bend in the line for 
2Mg(s) + O2(g) > 2MgO(s) at 1117°C; this is the boiling 
point of magnesium. 

50.7 Use the Ellingham diagram in Figure 50.4 to 
help you answer these questions: 

(i) Estimate the minimum temperature at which car- 
bon should reduce lead(il) oxide, PbO, with carbon 
monoxide as a product. 

(ii) Will carbon monoxide reduce aluminium oxide? 

(iii) Should iron metal reduce lead(I!) oxide? Check 
your answer by estimating the free energy change at 
a particular temperature, and performing a calcu- 
lation. 

50.8 If you were running a factory in which carbon 
was used to reduce magnesium oxide, would carbon 
monoxide or carbon dioxide be produced? Estimate 
the minimum temperature at which the reaction would 
work. What would be the state of the magnesium at 
this temperature? Given that the whole point of your 
factory is to produce magnesium, what problems do 
you face in collecting the magnesium as a solid? 

Answers 

50.1 AG°=AG?(Zn**(aq)) — AG?(Cu?* (aq)) 
—147.1kJ mol-'—(+65.0kJ mol~') 
—212.1kJ mol! 

50.2 (i) AG®=AG*%(CO(g)) — AG*(H,0(g)) 
= —137.3kJ mol-! — (—228.6 kJ mol-') 
=+91.3kJ mol’ 

(ii) AG° = AGF(CO(g)) — AGF(CuO(s)) 
= —137.3kJ mol '—(—127.2kJ mol™') 
=—10,1.kJ mol=' 

(iii) AG? =4AGF7(CO(g)) — AGF(Fe;0,(s)) 
= 4(—137.3kJ mol~') — (—1014.2 kJ mol) 
=+465kJ mol 

(iv) AG° = 2AG‘5(H,O0(1)) + AG?(CO,(g)) — AG*(CH,(g)) 
= 2(—237.2kJ mol~') + (—394.4 kJ mol") 

—(—50.8kJ mol~') 
= —818.0kJ mol"! 

In each of these the AG? values of elements are ignored 
because they are all zero. Reactions (ii) and (iv) have 
negative free energy changes. These reactions are 
spontaneous. Reactions (i) and (iii) have positive values 
and are not spontaneous. 

50.3 The standard free energy change is 

AG? =3AG%(Zn?*(aq)) — 2AG9(Fe** (aq)) 
3 x (—147.1kJ mol’) —2.x (—9.7kd mol’) 
—421.9kJ mol" 

The reaction is spontaneous, so we would expect the 
reaction to proceed in the direction given in the equation. 
However, we could not be certain that the reaction would 
be fast enough to be useful. On the other hand, reac- 
tions involving ions are usually very quick, and these 
should be no exception. 

50.4 Here, 

AG® = AG?(C,H,(g)) — AG ¢(CH,(9)) 
= +68.1kJ mol-'—(—50.8kJ mol’) 
=+118.9kJ mol’ 

The positive value tells us that under standard condi- 
tions the reaction will not occur. It would be rather stupid 
to build a production line at a cost of, perhaps, several 
million pounds without doing such a simple calculation 

first! 

50.5 He was correct. This reaction is just the reverse of 
that for the formation of Al,O;, so its free energy value 
has the opposite sign to the AG? value. On the second 
point he was wrong. It is true that it is not possible to 
convert Al,O, directly into aluminium and oxygen under 

standard conditions. However, it is possible to carry out 
the change by an indirect route under non-standard con- 
ditions. This is done in industry, where molten Al,O, 
undergoes electrolysis (see Unit 85). 

50.6 AG°=4AG¥%(Al,0,(s)) — 3AG*7(Fe30,(s)) 
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Answers — contd. 

=4x(—1582.4kJmol-')—3x(—1014.2kJ mol’) 

= —3287 kJ mol"' 

The reaction is spontaneous. This does not mean that it 
will take place at room temperature. In fact, the reaction 
is quite violent, but only when it is ignited at several 
hundred degrees Celsius. However, the free energy 
value does not tell us this; the only way to find out is to 
do an experiment (carefully). 

50.7 (i) The two lines cross at about 300°C. Above 
this temperature the reaction favours carbon monoxide 
rather than the oxide, so the reduction should take 

place. 

(ii) The line for 2CO(g) + O.(g) > 2CO,(g) is above that 
for aluminium oxide at all temperatures. This means that 
the gas will not reduce the oxide. 

(iii) The line for 2Fe(s) + O.(g)— 2FeO(s) is below that 
for lead(i!) oxide at all temperatures. This means that 
iron should remove the oxygen from lead(il) oxide. 
However, this is not to say that the reaction will be fast 
enough at low temperatures. At about 600°C, an 
estimate of the free energy changes for the reactions is: 

2Fe(s) + O2(g)—> 2FeO(s); 
AG(2FeO(s)) = —400 kJ mol™' 

2Pb(s) + O.(g) > 2PbO(s); 
AG(2PbO(s)) = —250 kJ mol’ 

Therefore the free energy change for the reaction 

2PbO(s) + 2Fe(s)— 2FeO(s) + 2Pb(s) 

is 

AG(2FeO(s)) — AG(2PbO(s)) 
= —400kJ mol~'—(—250kJ mol”) 
=—150kJ mol! 

The sign of the free energy change is negative, which 
confirms our prediction. 

50.8 The lines for MgO and CO cross at about 
1600°C. This is the minimum temperature needed for 
the reaction to be spontaneous. The magnesium would 
be a gas at this temperature. The problem is that you 
have to cool the magnesium in order to collect it; but the 

catch is that once it cools to below 1600°C the produc- 
tion of magnesium oxide becomes the favoured reac- 
tion. That is, the magnesium is liable to change back to 
magnesium oxide. Your only hope, which is the one 
actually used in such situations, is to cool the 
magnesium very quickly so that it does not have enough 
time to change back to the oxide. Again we are as con- 
cerned about the rate of a reaction as much as whether 
it is thermodynamically possible. 

UNIT 50 SUMMARY 

a 

e@ Free energy values do not tell us how fast a reaction 
will occur. 

e Any reaction that has a positive enthalpy change 
must be entropy driven if it is to be spontaneous. 

e Ellingham diagrams are graphs that show how the 
free energy change of a series of reactions varies 
with temperature. They are especially useful in 
predicting the course of reduction reactions in the 
extraction of metals from their ores. 

e Free energy is the energy available to do work. 
@ Changes in free energy are related to enthalpy, 

entropy and temperature 

AG® = AH® — TAS? 

@ Spontaneous reactions: 
(i) Can do work. 
(ii) Have negative free energy changes. 

e@ The reverse is true of non-spontaneous reactions. 
e@ The standard free energy of formation of an element 

in its standard state is defined to be zero. 
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D1 
Equilibrium and free energy* 

51.1 What is the effect of 
concentration and pressure on free 
energy? 

Earlier in this book we mentioned that all reactions can 
‘g0 both ways’. However, in many cases the reactants 
appear not to react at all, or react so well that only 
products are left at the end of the reaction. We now 
know how to predict which of these two outcomes is 
likely by looking at the sign of the free energy change 
for the reaction. Now we shall discover what thermo- 
dynamics has to say about the connection between 
reactants, products and equilibrium. 

First, we shall examine the free energy change for a 
reaction in more detail. One point that we have ignored 
up to now is that the standard free energy values we 
have used refer to pure samples of each compound. That 
is, if we work out the free energy change for the 
reaction 

Zn(s) + Cu?* (aq) > Zn?* (aq) + Cu(s) 

we use values that assume that each chemical is separ- 
ate from all the others. This is not what actually hap- 
pens in a reaction. It is obvious that, for a reaction to 
occur, somehow the reactants must interact. Also, it is 
almost always the case that, during the reaction, the 
reactants get mixed up with the products. Therefore, to 
follow the change in free energy during a reaction we 
must be more careful than merely using standard 

values. 
Since the early days of thermodynamics, chemists 

have discovered how to take account of the effects of 
non-standard conditions. We are not going to derive 
any of the results; rather, our aim is to use and under- 
stand them. The most important results are collected in 
Table 51.1. We shall show the free energy of an ion or a 
gas on its own as G (rather than AG). 

Here are some examples to show you the way these 

formulae work. If we had a 1 mol dm solution of zinc 

ions at 298K, then from Table 50.2 we have 

G2... = —147.1kJ mol~!. Now suppose we have a solu- 

tion of zinc ions with concentration 0.1 mol dm~?’. In 

this case 

Table 51.1. Changes in standard free energies due 
to non-standard conditions 

Condition Correction to G® Formula*+ 

Ion not at Sit concentration 
=3. 10M Nai ene et = oO f 1 mol dm {enol 2 G = GY+RT Infion] 

concentration 

Gas not at gas pressure 
101.325kPa RT In G = G°+RTInP 

101.325 kPa 

None: the influence None 
of pressure on 
solids is negligible 

Solid not at 

101.325 kPa 

Solid in contact None: provided some None 
with solution solid is present, 
of changing changing the 
concentration amount has no 

effect (see Unit 
35 for an example) 

*Here we use the symbol [ion] to mean the concentration of 

the ion written as a number, without its units. We have 
taken the standard unit of concentration to be 1 mol dm’. 
In accurate work the standard should be unit activity, which 
takes into account such things as ionic interference 
+The pressure P means the partial pressure of the gas, not the 
total pressure (see Unit 36). Also, as we have defined it by 
dividing by the standard pressure (101.325 kPa), P is used 
without its units. If the pressure is measured in atmospheres 
(atm) rather than pascals, then the correction to G® is 

RT \In(gas pressure/1 atm) 

[ion] = concentration of Zn?* (aq)/1 mol dm~* 

We 

[Zn?* (aq)] =0.1 

and the free energy is 

G50 Geen + RI ln[Zn7?(aq)] 

=—147.1kJ mol-?+ RTIn(0.1) 

= —147.1kJ mol“! + 8.314 X 10-2 kJ K~! mol"! 
x 298 K x In(0.1) 

= —152.81kJ mol” 

*This unit is more difficult than most. Check whether your syllabus requires you to cover this work. 
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This result shows that the free energy changes by about 
5.7kJ mol! for a 0.1 mol dm~? solution. (Notice that 
the gas constant, R= 8.314J K~! mol’, is multiplied by 
10~? to convert it into kJ K~' mol"!.) 
Our second example is to work out the free energy of 

hydrogen gas at a partial pressure of 202.65 kPa. We 

have 

P=gas pressure/101.325 kPa = 2 

Using 

Gy, = Gh, + RT In P 

we obtain 

Gy, = 0.0 kJ mol7!+ 8.314 x 10-*kJ K7™! mol"! 

a X 298K X In(2) 

=+1.72kJ mol 

These two results are not very important by them- 
selves, but they do show us how free energy changes 
with concentration of an ion or the partial pressure of a 

gas. 

51.2 What is the connection 
between free energy and 
equilibrium? 

Let us return to the reaction in the Daniell cell. The 

reaction is 

Zn(s) + Cu?* (aq) > Zn?* (aq) + Cu(s) 

We assume that the free energy of a solid does not 
change even though the concentration of the solution 
in contact with it might vary. Also, in this case we are 
dealing with elements, for which their standard free 
energies of formation are defined to be zero. Under 
non-standard conditions, the free energy of the ions is 
given by our formula of Table 51.1: 

Grae SiG eos t+ RT nl 72% (aq) 

Gopr= Go; + RT In[ Cutt (ag) 

The free energy change of the reaction is 

Gzn2+ id Gou2+ 

='G2,0++ RI In[Zn2* (aq)] — {G Sua + RTIn[Cu2* (aq) ]} 

= Go 24 — G Cae + RT In[Zn** (aq) RE Meues(aq)| 

We can write this as 

Ni n** aa) 
NG = NGO Tin| ——$— 
sear < nen 

where AG®=G%,>, — GGy2+- (You will find information 
about rearranging expressions involving logarithms in 

Table 51.2.) 
We know that while AG is negative, the reaction is 

spontaneous. On the other hand, if AG were to become 
positive, the reaction would not be spontaneous. 
Instead, the reverse reaction would be spontaneous, 
and zinc ions would react with copper to give zinc and 
copper(I) ions. The interesting thing is to ask what 
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Table 51.2. Formulae involving logarithms 

Rule Example 

In A + In B= 1n(AXB) In P,+In Pg = In(PaPx) 

2 In A = In(A?) Fine Pa= Ra 

In A—In B = In(A/B) In[Zn?* (aq) ]—In[Cu?** (aq)] 

[Zn?* (aq)] 

[Cu?* (aq)] | 
9 Zhe 

If In A = X then does = 59.37 means 
A = exp(X) [Cuf" (aq)] 

that [Zn?* at Tan ea | eee 
[Cu** (aq)] 

= 6ilallOe 

would happen if AG becomes zero. At this stage, neither 

the forward nor the reverse action is favoured. This is 

what happens when equilibrium is achieved: 

| At equilibrium 

It is most important that you realise that the free 
energy change here is not the standard free energy 
change of the reaction. We have already said that use of 
the standard values assumes that the chemicals are not 
really reacting. AG is the difference in free energies of 
the reactants and products corrected for non-standard 
conditions. 

In a reaction that comes to equilibrium the free 
energy decreases to a minimum, rather than becoming 
zero. You will find an example in Figure 51.1. 
When equilibrium is achieved in the Daniell cell, 

0=AG°+RTIn Garren) 
[Cu (aq)] 

Or, 

soe —arin( (20) 
[Cu?* (aq)] 

Therefore, 

—147.1kJ mol“! =—8.314xX 1073 kJ K7!mol* 

[Zn** (aq)] 
[Cu?* (aq)] 

x 298K X In( 

which gives 

in( Oo an _ -—147.1kJ mol"! 

[Cu2*(aq)]}  —2.478kJ mol"! 
Or 

[Zn?*(aq)]\ _ 
in Baer) = 59.36 

You can discover the value of the ratio of the ion con- 

centrations because from this 

[Zn** (aq)] 
[Cu2*(aq)] exp(59.36) =6.1 X 10”? 



Free energy/kJ mol | 

—\— > 

Moles of ammonia 

Free energy/kJ mol | 

Just here, at 
the minimum, the line 
is flat. A small change 

2.0 in the number of moles 
of ammonia gives no change 
in free energy. This is 

1.94 mol why we say that AG=0 
ammonia at at equilibrium. (AG stands 
equilibrium for the free energy change) 

Figure 51.1 The graph shows how the free energy changes in the reaction N.(g) + 3H2(g) =2NH.(g) (the Haber process). We 
assume that we start with 1mol N.(g) and 3mol H.(g). As the reaction proceeds, ammonia is made. At the same time, the free 
energy decreases, until at equilibrium a minimum is reached. The equilibrium mixture (at 1 atm, 25°C) contains approximately 
1.94 mol NH;(g), 0.03 mol N,(g) and 0.09 mol H.(g). (i) The scale of the graph has been exaggerated. (ii) On the left, we start with 
N,(g) and H,(g) alone. Both have AG9¢=0, hence the zero on the scale. (iii) On the right, complete conversion into 2 mol NH,(g), 
the figure of —33.4kJ mol’ is 2x AGF(NH,(g)) 

(Again, see Table 51.2 for rules about using logarithms.) 
This means that the Daniell cell will come to 
equilibrium when the zinc ion concentration is about 
107 greater than the copper(il) ion concentration 
(Figure 51.2). This happens when for all practical 

Voltmeter 

Many of the 
zinc atoms The majority of 
have gone copper ions 
into — have changed 
solution into copper 

metal 

The concentration of the 
copper(il) sulphate 
solution becomes 
extremely low 

The zinc sulphate 
solution is much more 
concentrated than 
at the start 

Figure 51.2 Eventually, after the Daniell cell has been used for 
a long time, it has a voltage of OV. This is when equilibrium 
has been reached. Calculation shows that [Zn?*(aq)] is more 
than 10° times greater than [Cu** (aq)] at equilibrium 

purposes the copper(II!) ions have been completely used 
up. In practice, the quantity of electricity provided by 
the cell would be negligible long before it had reached 
true equilibrium. 

51.3 Equilibrium and equilibrium 
constants 

For the Daniell cell we have 

AG®=—RTIn (eet <a) 
[Cu?* (aq)] 

The ratio of the concentrations of the ions in this 
expression is called the equilibrium constant for the reac- 
tion. We shall write the equilibrium constant as K., so 

AG®=—RTInkK. 

where 

_ [Zn?*(aq)] 
<~ [Cu* (aq)] 

We have used the c tacked on to the K to show that the 
equilibrium constant is written using concentrations. 
We can also apply our condition for equilibrium to 

reactions that involve gases. For example, 

N,(g) + O2(g) > 2NO(g) 

The free energies of the gases are: 

Go, = C2, + RTIn Py; 
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Gua Ge ERT ae, 
Gyo = G%o + RT IN Pgo 

The free energy change for the reaction is 

AG = 2Gyo — Gy, — Go, 
= 26% + 2RTIn Pyo — G%, — RT In Py, 

Go. kl lee 

= (26%o — GY, — G%,) + 2RTIn Pyo — RTIn Py, 
—RTIn Po, 

P2 

=AG°+ rine 
N2° O2 

(See Table 51.2 to see why 2RTIn Pyg=RTIn P?yo.) At 
equilibrium we have AG=0 so 

P2 

AG? = —RTini-S 
Bers 

In this case, the equilibrium constant is 

P?xo 
K,= 

Pp pe 

Here a p is used as a subscript to the K to show that 
pressures rather than concentrations are used. 

Here is a third example, which involves a mixture of 
solids and gases: 

CaCO,(s) > CaO(s) + CO,(g) 

We have 

Geo, = GGo, + RT In Peo, 

Geao = G Cao 

Gcaco, a G taco; 

Notice that the free energy of a-solid is assumed to be 
independent of the pressure, so there are no correction 
terms for CaO or CaCO,. Then we have 

AG= Geao + Geo, ~ Geaco, 

= G%a0 + Go, + RTM Peo, — G Caco, 

= (Gao + Go, — Faco,) + RTI Peo, 

AG= AG® + RTIn Poo, 

At equilibrium, AG=0 so 

AG® = —RTIn Peo, 

In this case the equilibrium constant is very simple: 

I= Feo; 

This tells us that if we have a mixture of CaCO;, CaO 
and CO,, then the extent of the reaction can be gauged 
by measuring the pressure of CO,, often called the 
dissociation pressure of calcium carbonate. 

In fact the relation between the standard free energy 
change and the equilibrium constant is the same for any 
reaction: 

At equilibrium AG®= —RTInK 
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Table 51.3. Some reactions and their equilibrium 
constant expressions 

Reaction Equilibrium constant expression 

Zn(s)+Cu?* (aq) = [Zn?* (aq)] 
2+ a 

Zn (aq) +Cu(s) [Cu?* (aq)] 

x [Fe** (aq)] 
Ag* (aq) +Fe?* (aq) = Coy ina 2+ ee, [Ag*(aq)] [Fe** (aq)] 

ene enazon-(aq) ke = ant aa) OR ae 
poe PRo 

Na(g)+ Oz (g) = 2NO(g) PB Po 

ee 4 
No(g)+3H2(g) = 2NH3(g) Xp = 5p 
CaCO3(s) = CaO(s)+CO2(g) Kp = Poco, 

Table 51.4. Free energy values and the position of 
equilibrium 

AG? Equilibrium At equilibrium 
/kJ mol! —_constant* 

—100 3.4x 10!” Completely products+ 
—50 5.8x 108 Almost all products 
=) 56.6 Rather more products than reactants 
35 7.5 Slightly more products than reactants 
0 1.0 Equal amounts of products and reactants 

+5 0.1 Slightly more reactants than products 
+10 1.81077 Rather more reactants than products 
+50 WENO Almost all reactants 

+100 3.0x10-'§ Completely reactantst+ 

*The equilibrium constant is for an imaginary reaction 
A = B, for which K = [B]/[A] 
+‘Completely’ products (or reactants) means that, if we 
carried out the reaction, there would be so little of the 
reactants (or products) present that we would not think of 
the reaction as being an equilibrium reaction at all. Burning 
magnesium in air is an example. 

In short, G<Oimplies K> 1 
G = O implies K = 1 
G > Oimplies K < 1 

However, the way the equilibrium constant itself is 
written changes from reaction to reaction. Table 51.3 
contains a number of examples. Table 51.4 shows the 
relation between equilibrium constant, free energy 
value and extent of reaction. 

The general rule is that, for a reaction that we can 
write as 

qQtrR=sS+tF 

(this equation reads ‘gq moles of compound Q react with 

r moles of compound R to give s moles of compound S$ | 

and t moles of compound T’), the equilibrium constant 

is given by 

_ {sitn 
" (OTIRY 

mes: 
 PaRR 



K, or K, is used depending on whether the compounds 
are in solution or are gases. 

One important thing to remember about using 
equilibrium constants is that solids do not appear in the 
formulae. Also, if you look at Table 51.1, you will find 
that concentrations are divided by 1mol dm~’, and 

51.1 This question is about changes of state, e.g. 
when liquid turns into vapour, or solid turns into liquid. 
The free energy of the change is AG= AH—TAS. If 
the change from ice to water is done reversibly (see 
Unit 49), then the change of state takes place at 
equilibrium. 

(i) What is the value of AG at equilibrium? 

(ii) What is the connection between AH and AS at 
equilibrium? 

Where have you met this formula before? 

51.2 (i) Write down the expression for the 
equilibrium constant for the reaction 

N,O,(g) = 2NO,(g); AG°=+4+4.8kJ mol-' 

(ii) What is the value of the equilibrium constant, K,, 
at 298K? 

Answers 

51.1. (i) AG=0 at equilibrium. 

(ii) AG=AH—TAS gives AS= AH/T. 

(iii) This is the formula we met in Unit 49 and which we 
used to calculate entropies of vaporisation. 

51.2 (i) K,=Py,o,/Pro,- 

(ii) Using AG° = —RTInK, gives 

K, = exp[—4.8 x 10° J mol-'/(8.314 J K~' mol™ x 298 K)] 
=0.144 

(iii) The fact that AG® is a small positive number tells us 
that the reactants will be in a slight excess over prod- 
ucts: there will be more NO, than N,O,. 

pressures by the standard pressure. This means that, as 
we have defined them, the equilibrium constants have 
no units. There is another convention that is often used 
which results in equilibrium constants having units. 
This convention does not make use of thermodynamics, 
and we shall consider it in the next unit. 

(iii) Which gas is mainly present at equilibrium? 

51.3 (i) Write down the equilibrium constant 
expression for the reaction 

N,(g) + 3H,(g) =2NH,(g); AG? =-—33.4kJ mol"! 

The reaction is the basis of the Haber process used in 
industry to make ammonia (see Figure 51.1). 

(ii) Calculate K, and say which gas (or gases) is 
mainly present at equilibrium. 

51.4 Is the following argument correct? Briefly 
explain your answer. 

The standard free energy change of a reaction is 
—200kJ mol~'. This means that when the reactants 
are mixed, they will immediately change into prod- 
ucts, and there will be very little of the reactants left. 

F Pe 
51.3. (i) Ka 

Pry Prs 

(ii) Using AG° = —RT In kK, gives 
K, = exp[33.4 x 10°J mol '/(8.314J K~' mol-' x 298 k)} 

= oo Kg 

(iii) Ammonia will be in excess owing to AG® being a 
fairly large negative value. 
51.4 It is true that at equilibrium the quantity of prod- 

ucts would far outweigh the reactants. However, the 

value of the free energy change does not allow us to 

predict how fast the reaction will take place. 

Thermodynamics tells us nothing about rates of reac- 

tions. Equilibrium might take years to be achieved, or not 

be achieved at all in any reasonable time scale. 

UNIT 51 SUMMARY 

e At equilibrium AG=0 and AG®=—RTInK, or AG® 
= —RTIn K, where K, is the equilibrium constant 
for the reaction in terms of concentrations, and K, 
is in terms of partial pressures. 

@ Fora reaction qQ+rR=sS +tT, we have: 

Aiea Ly — PsPx K.= Saar or K,= 
[Q]*[R] ae ors 

Equilibrium and free energy 303 



Chemical equilibrium 

52.1 Equilibrium constants 

In 1864 two Norwegian chemists, C. M. Guldberg and 
P. Waage, argued that chemists should 

study the chemical reactions in which the forces which 
produce new compounds are held in equilibrium by other 
forces . .. where the reaction is not complete, but partial. 

In their work on equilibrium they formulated a law 
called the law of mass action, in which they claimed that 
each chemical taking part in a reaction had an ‘active 
mass’. Guldberg and Waage said that the forces that 
they imagined to be controlling reactions were propor- 
tional to the product of the active masses of the chemi- 
cals. We now recognise their active masses as 

concentrations. 
For a simple reaction like the reaction of an organic 

acid with an alcohol to give an ester plus water, 

alcohol + acid= ester + water 

they were saying that the force making the alcohol and 
acid react together was proportional to [alcohol] x [a- 
cid] (the square brackets mean ‘concentration of’, with 

units mol dm~?), i.e. 

force of forward 
k =a constant X [alcohol] X [acid] 

reaction 

Similarly, the force making the ester and water react 
together was proportional to [ester] < [water], i.e. 

force of backward 
: =a constant X [ester] X [water] 

reaction 

At equilibrium the idea is that the two ‘forces’ are 

balanced so we have 

a constant X [alcohol] x [acid] 
=a constant X [ester] X [water] 

This gives us 

aconstant _ [ester] X [water] 

aconstant [alcohol] x [acid] 

Because two constants multiplied or divided by one 
another is also a constant, we can simplify this to give 
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[alcohol] Xx [acid] 

where K, is called the equilibrium constant. The subscript 
c has been added to show that we are working with 
concentrations. Usually it is easier to miss out the 
multiplication signs so we have 

_ [ester] [water] 

[alcohol] [acid] 

This expression has been verified many times by careful 
experimental work. One way of doing this is explained 
in the following unit. 

Please make sure you realise that the concentrations 
in the expression must refer to equilibrium. If you mix 
ethanol and ethanoic acid together you will have to 
wait some time before the reaction reaches equilibrium. 
Only at equilibrium will the expression for the 
equilibrium constant be correct. It is possible to 
emphasise this point by writing the concentrations with 
a subscript ‘eq’ (short for equilibrium): 

_ [ester] .g{water] <q 

[alcohol],,[acid]., 

However, this can be rather tedious and we shall not 
use this notation. 

The problem with the original law of mass action was 
that it was hard to predict the correct expression for the 
equilibrium constant of the majority of reactions. For 
example, in the reaction 

2S0,(g) + O2(8) =2503(8) 

we might expect the equilibrium constant to be 

Sealey ener e a eeT wrong 
[SO,(g)][02(8)] 

The results of experiment show that 

SO ; 
[SO3(8)] correct 

* [S0,(g)]?103(8)] 
Using gases it is easier to measure pressures rather 

than concentrations, and we can write an equilibrium 
constant in terms of the partial pressures of the gases 



Panel 52.1 
Important information on partial pressures of | 

| gases _ 
Ina mixture of gases, A and B, the total pressure P, 
is given by 

where P, and P, are the partial pressures of the two 
_ gases. These are the pressures that the gases would 
have if they existed in the container alone. 

If there are n, moles of A and n, moles of B, then 
the mole fraction of each gas is 

fe a 
B natn 

Finally, the partial pressure of each gas is related to 
the total pressure by the equations 

P,=x,P, and Pax. e 

Consider the following example: | mol of helium 
is mixed with 2 mol of neon. The total pressure is 
2atm. What are the partial pressures of the gases? 
We have Xpetinm = 4 ANd Xpeon = Therefore 

 Phettum = 3 X 2atm =F atm 
| and 
| PF 2 4... neon = 3% 2atm=Zatm. 

(see panel 52.1 if you have forgotten about partial 

pressures of gases): 

P50, 
P30,Po; 

In fact the results of many thousands of experiments 
show that for a general reaction in which q moles of 
compound Q react with r moles of compound R to give s 
moles of compound S and t moles of compound T, 

GO ik Sot 1 

Kk,= 5 correct 

the equilibrium constant is given by 

[Q]4{R]” 

iy DI sit or koe a 
PAPE Pp 

K, or K, is used depending on whether it is easier to 
measure concentrations or pressures. 

Again, from experiment it turns out that we can 
ignore solids in writing down equilibrium constants. 
You can think of the concentration of a solid (which is 
akin to its density) as a constant value, which will not 
affect the value of an equilibrium constant. Table 52.1 
shows some examples. 

You will find other examples of equilibrium reac- 
tions, with their constants, in Unit 53. In every case we 

write the equilibrium constant with the concentrations 
of the products divided by the concentrations of the 

reactants. 

Table 52.1. Some reactions and their equilibrium 
constant expressions 

Reaction Equilibrium constant 
expression 

CaCO3(s) = CaO(s)+CO>(g) Ky = Peo, 

H2(g) +12(g) = 2HI(g) Ky = pee 

Py Pt, 

H2(g) +I2(s)* = 2HI(g) Kp = Pat 
leap 

AgCl(s) = Ag*(aq)+Cl” (aq) K. = [Ag*(aq)] [Cl (aq)] 

Cu2*(aq)+4Cl- (aq) = [CuCl4?~ (aq)] 
2 = 

se © [Cu?* (aq)] [Cl (aq) 14 

*Notice that the iodine is a solid in this case 

52.1 Write down the expression for the equilibrium 
constant for each of the following reactions: 

(i) CO(g) + 2H2(g) = CH,OH(g) 

(ii) CH,(g) + Hz0(g) = CzHsOH(g) 

(iii) 2g(s) + O.(g) =2MgO(s) 

(iv) C(s) + O.(g) =CO.(g) 

(v) H,(g) + CO(g)=H,0(g) + CO(g) 
(vi) CH,;COOH(aq) = CH,;COO (aq) + H* (aq) 

(vii) Ce** (aq) + Fe** (aq) = Ce** (aq) + Fe** (aq) 

(viii) NH,Cl(s) =NH,(g) + HCI(g) 

(ix) H,O(g) + CO(g) =H2(g) + CO,(g) 

Use K, or K, depending on the states of the 

chemicals. 

52.2 Equilibrium constants and 
their units 

There are two ways of tackling equilibrium constants. 
The way we are dealing with them in this unit is to say 
that they are determined purely from experiment. If 
you were to measure the concentrations of the reac- 

tants and products in the reaction 

AgCl(s) = Ag* (aq) + Cl (aq) 

where K.=[Ag*(aq)][Cl”(aq)], your answer for the 
value of K. would have to have the units of (concentra- 
tion)”, or mol? dm~°. Similarly, for the reaction 

2S0,(g) + O2(g) = 2S03(g) 

with 

P30, 

2 
P§0,Po, 

Ki= 
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the units of K, are those of 

(pressure)? ; 
(220 se Le Panl ones 
(pressure)* (pressure) 

Thus, the units of equilibrium constants change 
depending on the reaction involved. 

The second way of treating equilibrium constants is 
from thermodynamics. In Unit 51 you can discover the 
connection between the way in which free energy 
changes in a reaction and the resulting equilibrium. If 
you use the thermodynamic way of treating 
equilibrium constants then they are all dimensionless, 
i.e. they have no units. You will probably find that in 
the examination course you are following you are 
expected to state the units of equilibrium constants. 
This is annoying but it is sensible to make sure you can 
work out the units. 

52.2 For each of the equilibria in question 52.1, 
write down the units of the equilibrium constant. 

52.3 Are equilibrium constants 
really constant? 

To answer this we need to think about changes in four 
factors that are often used to bring about chemical 
changes. These are summarised in Table 52.2. 

Table 52.2. Influences on equilibrium constants 

Change Effect on equilibrium constant 

Temperature Changes 
Concentration No change 
Pressure No change 
Catalyst No change (but equilibrium reached 

more quickly) 

(a) Temperature 

Equilibrium constants change when _ temperature 
changes; but provided the temperature does not change, an 
equilibrium constant really is constant. For example, in 
the reaction 

2S0,(g) + O2(g) =2S03(8) 

at 298K, the equilibrium constant is always 

K,=4X 10*4atm™'. It does not matter whether you 

mixed the gases in quantities of a few grams of each or 

several tonnes, always the equilibrium constant has the 

same value, provided the temperature is the same. In the 

next section we shall discover the ways in which 

temperature affects equilibrium constants. 

(b) Concentration 

If you change the concentration of the reactants or 

products in a reaction at equilibrium, the proportions of 
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reactants and products adjust themselves in such a way 
that K. does not change (provided the temperature does 
not change). For example, if you add alcohol to the 
equilibrium 

alcohol + acid= ester + water 

for which 

ae [ester] X [water] 

[alcohol] X [acid] 

then some of the extra alcohol reacts to make more 
ester and water. As a result the increase in [alcohol] is 
just balanced by the increase*in [ester] and [water]. 

(c) Pressure 

Equilibrium constants do not change when pressure 
changes. For example, if the sulphur dioxide reaction 
above is performed at 1 atm or 10 atm then K, keeps the 
same value, provided the temperature is 298K. 
However, the proportions of reactants and products can 
change, just as they do when concentrations are 
changed. In section 52.6 we shall discover how to cal- 
culate the extent of the changes that take place. 

(d) Catalysts 

We know that at equilibrium there is no overall change 
in the proportions of the reactants and products. 
However, this is not to say that chemical life has come 
to an end at equilibrium. The reactions between the chemi- 
cals are still taking place. This fact lies behind the state- 
ment that the reactants and products come to a state of 
dynamic equilibrium. The word ‘dynamic’ implies that 
there is a lot of activity at equilibrium. 

At equilibrium the reactants are changing into prod- 
ucts at the same rate as the products are changing back 
to give reactants. Indeed this is a condition for 

equilibrium: 

forward reaction 
ei RA ets SES 

reactants products ————— 
backward reaction 

At equilibrium, 

rate of forward reaction = rate of backward reaction 

We shall deal with rates of reactions in Unit 77. For the 
present you just need to be aware of the fact that the 
reactions continue in an equilibrium mixture. If a 
catalyst is added to the reaction mixture, then the rates 
of the reactions increase, and equilibrium is achieved 
more quickly. However, the proportions of the reac- 
tants and products at equilibrium do not change. For 
this reason, a catalyst has no effect on the value of an 
equilibrium constant. 

52.4 How does temperature affect 
an equilibrium reaction? 

The most direct way of discovering the answer to this 
question is to do some experiments. In Table 52.3 are 



Table 52.3. Variations of equilibrium constants with temperature for two reactions 

Reaction 

2NO3(g) = N20,4(g) 

T/K K/atm™! AH/kJ mol"! AG/kJ mol”? 

298 0.115 58.0 5.4 

350 3.89 57.9 —3.9 

400 47.9 Sey, =—12:9 

450 347 57.6 —21.9 

500 1700 57.4 —30.9 

550 6030 Wi —39.9 

600 17800 Si/iell —48.8 

the results of two sets of experiments on the reactions 

2NO,(g)=N,0,(g) and N,(g) + 3H,(g)=2NH;(g) 

In each case, the gases are allowed to come to 
equilibrium at a given temperature; then the reaction 
mixture is analysed in order to find the proportions of 
each. Given the concentrations, or pressures, of each 
gas the equilibrium constant can be calculated. 

The first reaction is endothermic over the whole 
temperature range, while the second reaction, the 
Haber process, is exothermic. For the endothermic reac- 
tion, the equilibrium constant increases with 
temperature. This means that, as the temperature rises, 
there is proportionately more dinitrogen tetraoxide, 
N,0,, in the equilibrium mixture. On the other hand, in 
the Haber process, as the temperature rises the 
equilibrium constant becomes smaller and smaller. 
Here, the proportion of ammonia decreases as the 
temperature rises. 

These two sets of data are typical of all reactions: 

For an endothermic reaction, an increase in 

temperature favours the products. / 

For an exothermic reaction, an increase in 
‘temperature favours the reactants. _ 

The effect of temperature on an equilibrium is nicely 
summarised in a famous principle proposed by the 
French chemist Henri Le Chatelier in 1888. Le Chatelier’s 
principle says that: 

a . constraint is placed on an- eanslibtiaey 
librium will shift so as 

to oppose the constraint. 

At present we are. thinking of ‘a constraint’ as a 
change in temperature. Thus the principle says that if 
the temperature is increased then the equilibrium will 
shift so as to reduce the temperature. In an exothermic 
reaction the change from reactants to products gives out 
heat; the reverse change, from products to reactants, 
absorbs heat: 

Reaction 

N2(g) +3H2(g) = 2NH3(g) 

T/K K/atm~? AH/kJ mol! AG/kJ mol”! 

298 6.76X 10° —92.4 —33.3 
400 4.07X10! —96.9 —12.3 
500 3.55x10-2 —101.3 13.9 
600 1.66X10-? —105.8 31.9 
700 7.76X10~° —110.2 55r1 
800 6.92X10°° —114.6 79.1 
900 1.005¢10me —119.0 103.3 

Exothermic reaction 

reactants favoured heat released products favoured 
at high temperatures heat absorbed at low temperatures 

Therefore if the temperature is increased, the reaction 
will shift to the left. As the proportion of reactants 
increases, more heat is absorbed, which results in the 
temperature being reduced. The situation with an endo- 
thermic reaction is different: 

Endothermic reaction 

_heatabsorbed__ products favoured 
heat released at high temperatures 

reactants favoured 

at low temperatures 

In this case, if the temperature is increased, then the 
equilibrium will shift to the right, in favour of products. 
For an endothermic reaction, this is the direction of 
change that will reduce the temperature. 

52.3 Calculate the standard enthalpy changes at 
298 K for reactions (i) and (ii) in question 52.1. Then 
predict what will happen if the temperature of each 
equilibrium mixture were increased. 

You will need the following heats of formation, all in 
kJ mol-t: AH%(CH,OH) = —238.9; AH3(C;H;OH) 
= —277.7; AH? (C,H,) = +52.3; AH3(H,O(g)) = 
= —228.6; AH(CO) = —110.5. 

52.5 How can the connection 
between equilibrium constants and 
temperature be made more exact? 

Le Chatelier’s principle does not allow us to be exact 
about the change in an equilibrium. However, it is now 

~ known how to predict with some accuracy the change 
that will take place in an equilibrium constant when 
temperature changes. 

To begin with, look at Table 52.4. The data for 
the nitrogen dioxide—nitrogen tetraoxide equilibrium 
illustrate the rule that the enthalpy change for a reac- 
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Table 52.4. How equilibrium constants change with temperature 

Reaction AH Temperature Equilibrium Reactants —_ Products 
change constant 

Exothermic Negative Decrease Increase Decrease Increase 
Increase Decrease Increase Decrease 

Endothermic Positive Increase Increase Decrease Increase 

Decrease Decrease Increase Decrease 

tion does not change greatly as the temperature 
changes. It is a common assumption that enthalpy 
changes are independent of the temperature. As the 
data for the Haber process show, this assumption is not 
always valid; but for the majority of reactions it is quite 
acceptable. If you had enough time, and the use of a 
computer, you would be able to discover that there is a 
definite connection between the equilibrium constant, 
the standard enthalpy change for the reaction, AH, and 
the temperature, T. The equation which links them is: 

(R)-ae e oa 
ENR ORO NG t) 

Here, K, is the equilibrium constant measured at 
temperature T,, and K, that measured at T,. As usual, In 
means the natural logarithm, and R is the gas constant. 

This equation has several uses. First, if we know the 

value of AH® and the equilibrium constant at one 

temperature, we can calculate the value of the 

equilibrium constant at a different temperature. 

Secondly, if we do experiments to discover the values of 

the equilibrium constants at two _ different 

temperatures, then we can work out the size of the 

enthalpy change. You might like to try your hand at 

these types of calculation in the questions. 

Value 
of the 
constant 

1/T 

Figure 52.1 A graph of In K plotted against 1/T is a straight 
line. The equation of the line is 

ANAL InK= R x ~ + constant 

The slope of the line allows us to calculate AH®, and the 
intercept on the In K axis gives the value of the constant 
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52.4 The equation of the line plotted in Figure 52.1 
is 

ag x a+ constant 

This is the equation of a straight line if In K is plotted 
against 1/T. The line will cut the InK axis when 
1/T=0. This allows us to measure the value of the 
constant from the graph. The question is: ‘Has the 
constant any meaning?’ Needless to say, it has. 

First, write down the equations that link AG® to InK 
(see section 51.3) and to AH® and AS®. Then write 
InK in terms.of AH? and AS°. Compare your result 
with the equation above. 

What does the value of the constant tell us? 

InkK=— 

52.5 For the reaction 

C(s) + H,O(g) =H,(g) + CO(g) 

the equilibrium constant has the value 10~'®atm™' at 
298 K. The value of AH® is + 131.3kJ mol~'. Use the 
equation of section 52.5 to calculate the value of the 
equilibrium constant at 1000 K. 

What do the values of the equilibrium constant tell 
you about the proportions of reactants and products 
at the two temperatures? — 

52.6 For the reaction 

H,(g) + lo(g) = 2HI(g) 

at 298K, K,=794, and at 500K, K,=160. Is the 
enthalpy change for the reaction endothermic or 
exothermic? Use the same equation as in question 
52.5 to calculate the value of AH®. 

52.6 Pressure can change the 
proportions of reactants and products 
at equilibrium 

You might wonder how we can say that a change in 
pressure does not change the value of an equilibrium 
constant, yet it can change the proportions of reactants 
and products. To see how this comes about, look at this 

reaction: 

Cl,(g) + PCI, (g) = PCI,(g) 



Eight particles give a pressure of 8 units Six particles give a pressure of 6 units Four particles give a pressure of 4 units 

Figure 52.2 At the start of the reaction between Cl, and PCI;, no PCI; has been made. As the reaction proceeds, the number of 
particles in the box decreases. This causes the pressure to decrease. If all the Cl, and PCI, were converted into PCI, the pressure 
would go down by one-half. In practice the pressure at equilibrium is somewhere between the two extremes (not necessarily 
half-way!) 

The equilibrium constant is 

K, S Prec, 

Pa,Pea, 

Experiment shows that K,=10.27atm™! at about 
450K. 

The equation tells us that there must be a connection 
between the relative amounts of the three gases, 
because for every 1 mol of PCI, that is made, 1 mol of 
Cl, and 1 mol of PCl, must have reacted. Let us suppose 
we allow the reaction to take place in a box fitted with a 
pressure gauge (Figure 52.2). 
We shall also assume that we start the reaction going 

by mixing 1 mol each of Cl, and PC]. If the reaction 
went to completion we would expect to find 1 mol of 
PCI, left. A total of two moles of gas would have been 
replaced by 1 mol of gas, so in this case we would expect 
the final pressure inside the cylinder to be half the start- 
ing pressure. In fact, the reaction comes to an 
equilibrium, so the final pressure will not be exactly half 
the starting pressure; it should be rather greater than 
this (but less than the starting pressure). 
We shall say that the amount of Cl, reacted at 

equilibrium is x mol. Our equation tells us that an equal 
number of moles of PCI, will have reacted, and that the 
amount of PCI,/formed will also be x mol. We can sum- 
marise this in the following way: 

Cl,(g) + PCI(g) = PCI;(g) 
At start 1 mol 1 mol 0 mol 

Amount reacted x mol x mol 
At equilibrium leaxmol tl =x molv>sxmoal 

Total 2 —x mol 
Mole fraction Jr eX x 

at equilibrium 2—x 2=x 2—x 
Partial pressure (Cl 2Ppnateel XP, ae 

at equilibrium 2-x 2-—x 2% 

If we put these expressions into the equation for K, 
we have 

ye I ( A= 36) _ 

[(1 —x)Pp/(2 —x)][(1 — x) Py/ (2 — x)] 

es 

Kage a, 
(1—x)?P, 

With the help of a computer we can solve this equa- 
tion to discover what happens to x when the total press- 
ure P; changes. The idea is that we place our 1 mol of 
Cl, and 1 mol of PCI, into the cylinder. Then we adjust 
the cylinder to keep the pressure constant, and allow 
the system to come to equilibrium. Figure 52.3 shows a 
graph of the mole fraction, x/(2— x), of PCI, plotted 
against pressure. The graph and Table 52.5 show very 
clearly that, as the pressure increases, the proportion of 
PCI, also increases, but remember that the value of K, 
remains constant. The tendency is for an increase in 
pressure to favour the formation of PCl,. As we have 
already said, when this happens there is a decrease in 
the number of moles of gas, so pressure will decrease. 
We can write this in a simple way: 

Cl, (g) + PCI, (g) = PCI, (g) 
more moles on fewer moles on 

this side: this side: 

‘high pressure’ side ‘low pressure’ side 

We have discovered that, when the pressure is 
increased by pushing the piston down on the gases, 
more PCI, is made. That is, the equilibrium shifts to the 
low pressure side. This behaviour is also covered by Le 
Chatelier’s principle. The constraint is the increase in 
pressure applied to the gases. The response of the 
equilibrium is to lower the pressure, and it does this by 
moving to the low pressure side, i.e. the side that has 
fewer gaseous molecules. 

With some thought you should be able to understand 
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Constant 
pressure, P, 

Constant 
pressure, Pp 

Mole fraction 
of PCI; 

0.9 

0.7 

1 5 10 —_—_————_> 

Pressure/atm 

Figure 52.3 (a) As the reaction between Cl, and PCI, takes 
place, the number of particles decreases. Unlike the box in 
figure 52.2, this time we keep the pressure in the cylinder 
constant by applying a constant pressure to the piston. The 
volume of the mixture of gases changes until, at equilibrium, 
the volume remains constant. (b) The mole fraction of PCI, in 
the mixture increases as the pressure increases. Each point 
on the line corresponds to the mixture of Cl, PCI; and PCI, at 
equilibrium at the given pressure. (We assume that the 
temperature is also kept constant) 

that if the pressure on the piston were reduced, then 
the equilibrium will shift in the direction that increases 
the number of molecules of gas at equilibrium. This is 
the side that favours PCI, and Cl,. 

Before we leave this section we shall think about two 
other types of gaseous reactions. In the first type there is 
an increase in the number of moles of gas as the reac- 
tion proceeds. A typical example is propane being 
‘cracked’ apart to produce methane and ethene: 
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Table 52.5. How the mole fraction of PCI, 
changes with pressure in the equilibrium 

Cl,(g)+PCl,(g) = PCI,(g) 

pe Moles of PCI, Moles of Cl, K(2=3) 
/atm a = moles of PC], Kp = (—x)?P, 

hist /atm™!(*) 

i! 0.702 0.298 lo2y 

2 0.785 O25 10.27 

3 0.822 0.178 N(O227/ 

4 0.846 0.154 10.27 

5 0.861 0.139 10.27 

6 0.873 0.127 10.27 

7 0.883 0.117 10.27 

8 0.890 0.110 10.27 

9 0.897 0.103 10.27 

10 0.901 0.099 10.27 

*These values have been calculated. Owing to experimental 
error, it would be most unlikely that measured values would 

be so consistent 

C3H3(g) = CH,(g) + C,H,(g) 
fewer moles on more moles on 

this side: this side: 

‘low pressure’ side ‘high pressure’ side 

Here an increase in pressure will favour the production 
of GJAe 

Another type of reaction is where there is no change 
in the number of moles of gas. For example, 

H,(g) + Cl(g) =2HCl(g) 
In a reaction like this, a change in pressure has no effect 
at all on the proportions of the gases at equilibrium. We 
can prove this by calculating K, in terms of the mole 
fractions of the gases: 

H,(g) + CL(g) = 2HCl(g) 
At start 1 mol 1 mol 0 mol 
Amount reacted x mol x mol 
At equilibrium 1—xmol 1—xmol 2x mol 

Total 2 mol 

Mole fraction I 3% iter 2x_y 
at equilibrium ~2- 2 2 

Partial pressure (l=x) PP. (Vx) Ee 

at equilibrium Z 2 

If we put these expressions into the equation for kK, we 
have 

x= Pha 
Py Pa, 

= (xPy)? 

~ T(x) Py/2][(1 — x) P,/2] 

ees 

ie 4x? 

(ix)? 



The pressure does not appear in this expression, which 
proves that there is no change in the mole fractions of 
the gases as the pressure changes. We should expect 

52.7 Describe what will happen if an equilibrium 
mixture in each of the following reactions is subjected 
to a decrease in pressure: 

(i) No(g) + 3H,(g) =2NH,(g) 

(ii) C(s) + 2H(g)=CH,(g) 

(ili) CH,(g) + CO,(g) = 2CO(g) + 2H,(g) 

(iv) C(s) + O,(g) =CO,(g) 

52.8 This question asks you to adapt the formula we 
worked out for K, in the reaction 

Cl,(g) + PCl,(g) = PCI<(g) 
in section 52.6. Work through the method in that sec- 
tion, but this time start with a moles of Cl,(g) and a 
moles of PCl,(g) rather than one mole of each. What 
is the final expression for K,? 

52.9 This is a rather tricky question about the Haber 
process: 

N2(g) + 3H,(g) = 2NH,(g) 
The objective is to write K, for the reaction in terms of 

Answers 

. P x P. 
62.1 (PK, =e (ii) K,=——C2HOH_ 

 RéSP He eh CoH,PH,0” 

- 1 : P, PP. 3P 
iii) K,= : iv) K,=_©Oz. v) K.=/t0f co. (ili) K, Po,’ (iv) K, aS (v) K, PuPeo,' 

(vi) K. _ [CH,COO “(aq)][H * (aq)] 
; [CH,COOH(aq)]_—’ 

(vii) K _ [Ce**(aq)][Fe**(aq)]_ 
[Ce** (aq)][Fe**(aq)]’ 

(Vill) Ky=PrrgPooi (bd, Ky= ate ee 
420Pco 

In part (vi) K, is better known as K,, the acid dissociation 
constant for ethanoic acid. Notice that the reaction in (ix) 
is the reverse of that in (v). The expression for the 
equilibrium constant for (ix) is the K, for (v) turned upside 
down. It is important that you write the equilibrium 
constant expression for the reaction as written in the 
chemical equation. 

52.2 (i) atm’; (ii) atm~'; (iii) atm™'; (iv) none; 
(v) none; (vi) moldm™*; — (vii) none; —_ (viii) atm?; 
(ix) none. 
An alternative to atmospheres, atm, is pascals, Pa. 

this because there is no ‘low pressure’ or ‘high pressure’ 
side; there are equal numbers of moles of gas on both 
sides of the equation. 

the total pressure P; and the mole fractions of the 
gases. Start with a moles of nitrogen and a moles of 
hydrogen. 

(i) If x moles of nitrogen are used in making 
ammonia, explain why 3x moles of hydrogen are also 
used. 

(ii) How many moles of ammonia will be produced? 

(iii) Draw up, and complete, a table of results like that 
for the other equilibria in section 52.6. Part of the 
table is done below for you: 

N,(g) + 3H,(g) = 2NH,(g) 
At start amol amol 0 mol 
Amount reacted xmol 3xmol 

What is the expression for K,? 

52.10 A mixture of nitrogen and hydrogen was 
allowed to come to equilibrium at 400 K. The original 
amount of each gas was a=2mol. At equilibrium, 
0.2 mol of nitrogen had reacted. The value of K, at 
400K is 40.7 atm~?. Use your formula from the last 
question to calculate the pressure, P;, at equilibrium. 

52.3 In reaction (i) 

AH® = AH*(CH,OH) — AH#(CO) = — 128.4 kJ mol™' 

For reaction (ii) 

AH® = AH?(C,H,OH) — AH?(C2H,) — AH?(H20(g)) 
=+16.4kJ mol™' 

The production of methanol is an exothermic reaction, 

so Le Chatelier’s principle tells us that an increase in 
temperature will favour the reverse reaction. That is, the 
proportions of carbon monoxide and hydrogen will 
increase. 

The second reaction is endothermic, so an increase in 
temperature will favour the forward reaction. There will 
be an increase in the proportion of ethanol in the 
mixture. 

52.4 The equations are AG°=—ATInK_ and 
AG°=AH*°—TAS*. Combining them gives’ us 
—RT\In K= AH*®— TAS*®, or 

InK=—AH*/RT+ AS°/R 

Hence the value of the constant is the standard entropy 
change divided by the gas constant. By measuring the 
intercept on the graph, and multiplying by the gas 
constant, we discover the standard entropy change for 
the reaction. 
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Answers — contd. 

52.5 Let us put 7,;=298K, and 7,=1000K. Then we 

have 

in( 10-2) 131 41a i See 
K, } 8314JK ‘mol’ \1000K 298K 
Bening aibhali4ex 103 (2281000) 

I tO oa He ann dBIaTa eh NA OOOMESE 
—36.841 —InK, = —37.231 

which gives 

In K, = 37.231 — 36.841 =0.39 
and 

K,=exp(0.39) = 1.48 

We are using the convention that equilibrium constants 
have units, so the result should be that K,= 1.48 atm~'. 

This shows that there is a marked change in the 
balance of the equilibrium. At the low temperature, the 
equilibrium constant is very small, which means that 

there will be very little hydrogen and carbon monoxide at 
equilibrium. At 1000K circumstances have changed 
radically and now the products are favoured over the 
reactants. Notice that the fact that the reaction is 
endothermic should lead us to expect more products at 
a higher temperature. 

52.6 At the higher temperature, the equilibrium 
constant is smaller than at the lower temperature. 
Therefore the products are less favoured at 500K than 
at 298 K, and the forward reaction must be exothermic. 
Put T, =298K, T,=500K, K,=794, K,=160. Then 

in( 728 OLN ya 
160) 8.314JK "'mol' \500K 298K 

NG 

In (4.963) = 5 3745 mol ( 
which means 

298 — 500) 
500 x 298 

500 x 298 Ces =" AH In(4.963) x 8.314J mol”! x 502 

= —9824J mol-!=—9.82kJ mol"! 

52.7. For a decrease in pressure, Le Chatelier’s 
principle tells us that the equilibrium will shift in order to 
increase the pressure. Therefore we need to look at 
each equation to discover the side that has the greater 
number of moles of molecules. For reaction (i) the left- 
hand side is favoured, so the proportion of ammonia will 
decrease. Reaction (ii) is similar, as there are two moles 
of hydrogen on the left-hand side, compared with one 
mole of methane on the right. Therefore the equilibrium 
will shift so as to increase the amount of hydrogen. 
Notice that we do not take the carbon into account 
because it is present as a solid. Reaction (iii) has twice 
as many moles on the products side as on the reactants 
side. Hence, the equilibrium will shift to increase the 

amount of carbon monoxide and hydrogen. Reaction (iv) 
is the odd one out here because there are equal 
numbers of moles of gas on both sides of the equation. 
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Therefore pressure will not change the position of 
equilibrium. (Again, we do not count the carbon because 
it is a solid.) 

52.8 

Cl.(g) + PClI(g) = PCI.(g) 
At start a mol a mol 0 mol 

Amount reacted xX mol X mol 

At equilibrium a—xX mol a—x mol x mol 
Total 2a — x mol 

Mole fraction a-—x a-—x x 

at equilibrium Zax 2a—x 2a—X 

Partial pressure (a —x)Py (a — x)P; xP; 
at equilibrium 2a—x 2a—xX eax 

If we put these expressions into the equation for K, we 

have 

ee xP,;/(2a — x) 

° [(a—x)Py/(2a — x)][(a — x)P/(2a — x)] 

i.e. 
_ x(2a—x) 

 @Sx 2; 
52.9 (i) From the equation we know that if 1 mol of 
nitrogen reacts, then 3mol of hydrogen also react. 
Therefore, xmol of nitrogen react with 3xmol of 

hydrogen. 

(ii) Again, by looking at the equation you should be able 
to see that 2x mol of ammonia will be made. 

N(g) + 3H,(g) = 2NH,(g) 
At start a mol a mol 0 mol 

Amount reacted x mol 3x mol 

At equilibrium a—xX mol a—3x mol 2x mol 

Total 2a — 2x mol 

Mole fraction a—x a-—3x 2x 

at equilibrium 2a—2x 2a — 2x 2a — 2x 
Partial pressure (a—x)Py; (a — 3x)Py 2xP, 

at equilibrium 2a—2x 2a — 2x 2a — 2x 

If we put these expressions into the equation for K, we 
have 

enttheg 
Py Pep 

we [2x/(2a — 2x) }?P2 
P  [(a—x)/(2a — 2x)]Pr[(a — 3x)/(2a — 2x) PPT 

BARE) (2a (UL GC Pe 2 

° (a—x)(a—3x)°P2 (a— 3x)3P2 

52.10 If we substitute the values, we have 

we 16(0.2)?(2—0.2) 0.42 40.7 atm-2= 1600-2) (0-2) _ oe R20. 6 Ran PE 

so P;=0.10 atm. 



UNIT 52 SUMMARY 

@ Dynamic equilibrium: 

At equilibrium the reactants are changing into 
products at the same rate as the products are 
reacting back to give reactants, i.e. rate of forward 
reaction = rate of backward reaction. 

@ Le Chatelier’s principle says that: 
If a constraint is placed on an equilibrium 
mixture, then the equilibrium will shift so as to 
oppose the constraint. 

@ Examples: 

(i) For an endothermic reaction, an increase in 
temperature favours the products. 

(ii) For an exothermic reaction, an increase in 
temperature favours the reactants. 

@ The value of an equilibrium constant changes only if 
the temperature changes. Changes in concentration, 
pressure and the use of a catalyst have no effect; but 
they will often change the rate at which equilibrium is 
achieved. 

@ Partial pressures of gases: 
(i) In a mixture of gases, A and B, the total 

(ii) 

(iii — 

pressure P; is given by P;= P, + Pz, where Py 
and P, are the partial pressures of the two 
gases. These are the pressures that the gases 
would have if they existed in the container 
alone. 
If there are n, moles of A and nv, moles of B 
then the mole fraction of each gas is 

Ny n 
xX, = B Ag — 

TUN eI 7 NaROp 

The partial pressure of each gas is related to 
the total pressure by the equations P, =x,P, 
and P, = Xp,Py. 
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D3 
Some equilibrium reactions 

53.1 What this unit is about 

In the sections that follow you will find a number of 
chemical reactions that are fairly easy to carry out in the 
laboratory. Each of them involves an equilibrium in 
which you can see how the proportions of reactants and 
products change when the equilibrium is disturbed. 
Often there is a colour change, or a solid appears and 
disappears. If at all possible you should perform the 
reactions yourself. 

The main thing that you should be able to do as you 
work through this unit is to apply Le Chatelier’s 
principle to the reactions. For each one there are a 
number of questions, which ask you to make predic- 
tions about how the equilibria change. If you do the 
experiments you will be able to check your predictions 
directly; in any case you will find answers at the end of 

the unit. 
On no account should you attempt the experiments without 

the permission of your teacher or lecturer. 

53.2 The bismuth trichloride—water 

reaction 

Bismuth trichloride, BiCl,, is a white powder. It is 
soluble in water, but will react according to the 

equation: 

BiCl,(aq) + H,O(1) = BiOCI(s) + 2HCI(aq) 
colourless white 

powder 

If you mix a little of the powder with water in a boiling 
tube you will see a cloudy white colour. This is due to 
the insoluble bismuth oxychloride, BiOCl, made when 
the bismuth trichloride reacts with the water. 

53.1. What will happen: 
i) if a few drops of concentrated hydrochloric acid ( 
(TAKE CARE!) are added to the tube; 

(ii) if distilled water is added after the acid? 
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53.3 The chromate(vI)-— 
dichromate(VI) reaction 

Potassium dichromate(vI) solution has a beautiful clear 

orange colour. This is due to the colour of the 
dichromate(vI) ion, Cr,0,*~ (aq). Place some of the 
solution in a boiling tube. In fact there is an equilibrium 
set up between, the dichromate(vI) ions and 
chromate/(vI) ions, CrO,*~ (aq). The latter are yellow in 

colour: 

Cr,0,? (aq) +H, 0(1)=—2Cr0/7 (aq) + 207 aq) 
orange yellow 

53.2 What would you expect to see if: 

(i) dilute sodium hydroxide is added to the tube; 

(ii) this is followed by dilute hydrochloric acid? 

53.4 The iodine—iodine trichloride 

reaction 

This reaction MUST be carried out in a fume cupboard 
as it involves chlorine gas, which is highly poisonous. 

If chlorine gas is passed over a few crystals of iodine 
in a U-tube you will first see a dark brown liquid appear. 
This is iodine monochloride, IC]. Soon afterwards, the 
liquid is replaced by a yellow solid. This is iodine 
trichloride, ICl,. Equilibrium will only be established if 
the U-tube is detached from the chlorine supply and 
stoppers put in the ends of the tube: 

L(s) + Cl, (g) = 21Cl() 
brown liquid 

ICl(1) + Cl,(g) =I1CL, (s) 
brown yellow solid 
liquid 

53.3. What would you expect to see if the stoppers 
are removed from the tube and it is tilted so that 

chlorine can escape? 



53.5 The iodine—triiodide reaction 

Iodine is a black solid, which is almost insoluble in 
water. On the other hand the triiodide ion, I,~, is highly 
soluble in water. It has a brown colour in water. 

Place a few crystals of iodine in water in a boiling 
tube. Add potassium iodide solution to it drop by drop. 

53.4 What do you expect to see? Explain what is 
happening by referring to the equilibrium equation: 

I(s) + (aq) = 1," (aq) 
deep brown 

Biologists often call a solution of triiodide ions 
‘iodine’ and use it to test for starch. 

Iodine reacts with thiosulphate ions, $,0,7~, accord- 
ing to the equation: 

I,(s) + 28,0,” (aq) = 21 (aq) + 40,7" (aq) 
colourless 

53.5 What would you expect to happen if you add a 
few crystals of sodium thiosulphate to the boiling tube 
containing the iodine and potassium iodide solution? 

53.6 The nitrogen dioxide— 
dinitrogen tetraoxide reaction 

Owing to the gases being poisonous, the reactions that 
follow should only be done in a fume cupboard. 

If lead(l) nitrate is heated it gives off a brown gas, 
Which is a mixture of oxygen and nitrogen dioxide, 
NO.. If the gases are passed through a dry U-tube sur- 
rounded by crushed ice, the nitrogen dioxide condenses 
to a slightly yellow liquid. The liquid is dinitrogen 
tetraoxide, N,O,, which is colourless when pure. The 
reason why it is discoloured is that it contains a little of 
the brown nitrogen dioxide: 

N,0, (1) = 2NO,(g) 
colourless brown 

The enthalpy change for the dissociation of 1 mol of 
dinitrogen tetraoxide into nitrogen dioxide is +57.2kJ 
mol!. 

53.6 What should happen if an equilibrium mixture 
of the gases was warmed? 

53.7. What should happen if an equilibrium mixture 
of the gases was put into a sealed gas syringe and 
the plunger pushed in? 

53.7 The decomposition of 
ammonium salts 

Ammonium chloride is one of the few compounds that 
sublimes, i.e. changes directly from a solid into a gas, or 
rather a mixture of gases: 

NH,Cl(s)=NH;(g) + HCl(g) 

The enthalpy change for the conversion of 1 mol of 
ammonium chloride into ammonia and hydrogen 
chloride is + 177.2kJ mol". 

53.8 Explain why it is that a tube in which 
ammonium chloride is heated has the appearance 
shown in the photo in the colour section. 

A test for solutions that contain ammonium ions is 

that they give off ammonia when heated with an alkali, 
ie: OHsi0ns: 

NH,* (aq) + OH (aq) —=NH,(g) + H,O(1) 

53.9 Explain why this reaction is prevented if acid is 
added to the solution. 

53.8 Reactions involving complex 
ions 

You will find information about complex ions in Unit 
106. Here you just need to know that they are ions that 
are not as simple as chloride, sulphate, or nitrate ions. 
You can follow the production of a complex ion in this 
reaction. 

Add a few drops of sodium chloride solution to a 
solution of lead(I1) nitrate. If you have read Unit 64 on 
solubility products, you should not be surprised to see a 
white precipitate of lead(m) chloride: 

Pb?* (aq) + 2Cl- (aq)=PbCl,(s) 

Now add concentrated hydrochloric acid drop by 
drop (TAKE CARE!). 

53.10 Explain what you would see in terms of the 
equilibrium: 

PbCI,(s) + 2Cl-(aq) = PbCl,2-(aq) 
white solid pale yellow 

53.11 What should happen if you add more lead(I!) 
nitrate solution? 
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Here are two other examples in which complex ions 
play a part. A common test for chloride ions is to add 
silver nitrate solution in nitric acid. If a white precipitate 
appears it is likely to be silver chloride. To confirm this, 
the test is completed by adding aqueous ammonia. The 
white precipitate should disappear. 

53.12 Explain the reasoning behind the test by 
referring to the following equilibria: 

Ag*(aq) + Cl (aq) = AgCl(s) 

Ag*(aq) + 2NH,(aq) = Ag(NHs),* (aq) 
colourless 

The complex ion Ag(NH;),* is called the diam- 
minesilver(I) ion. ' 

The second example is the reaction that is often used 
to test for copper(I) ions. Aqueous ammonia is added, 
and, if copper(II) ions are present, first a white or very 
pale blue precipitate is produced, which then dissolves 
to give a clear royal blue solution. 

53.13 Explain this sequence of events in relation to 
the following reactions: 

Cu?* (aq) + 20H (aq) = Cu(OH).(s) 
blue white solid 

Cu?* (aq) + 4NH,(aq) = Cu(NH,),?* (aq) 
blue royal blue 

The complex ion Cu(NH;),’* is known as the tetra- 
amminecopper(I) ion. 

Answers 

53.1. (i) The equilibrium will respond to the increase in 
hydrochloric acid concentration by shifting so as to 
decrease the concentration again. The equilibrium 
therefore shifts to the left. You should see the solution 
become clear as the white bismuth oxychloride dis- 
appears and is replaced by the soluble bismuth 
trichloride. 

(ii) Adding distilled water forces the equilibrium to shift 
to the right. The white precipitate reappears. You may 
have to wait about 10s for this to happen. Remember, 
an equilibrium will not always respond to changes 
immediately. 

53.2 (i) Addition of dilute alkali will bring about the 

reaction 

H* (aq) + OH (aq) H,0(I) 

The effect is to reduce the hydrogen ion concentration. 
Therefore the equilibrium will shift to the right in order to 

replace those hydrogen ions that have been removed. 
The solution will become yellow as an excess of CrO,?~ 
is produced. 

(ii) The equilibrium will shift to the left again, with the 
orange colour of Cr,072-(aq) returning. 

53.3 If chlorine is allowed to escape then the 
equilibrium involving iodine trichloride will shift to the left 
in the attempt to replace that which is lost. You should 
see the yellow colour replaced by the brown colour of 
iodine monochloride. 

53.4 The solution will become orange, then a much 
deeper brown. If a lot of iodine reacts with the iodide ions 
you add, then the solution may go almost black. This 
happens because the equilibrium shifts to the right, in 
favour of the coloured triiodide ion. 

53.5 The effect of the thiosulphate ions is to remove 
iodine molecules by turning them into iodide ions. There- 
fore the equilibrium 

I(s) + (aq) =I, (aq) 
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moves to the left and the solution will gradually change 
from being deep brown to being colourless. 

53.6 According to Le Chatelier’s principle, if heat is 
applied to the equilibrium reaction then the equilibrium 
will shift to the side that gives the endothermic reaction. 
In this case, producing nitrogen dioxide from dinitrogen 
tetraoxide is the endothermic change. Hence we should 
expect to see more nitrogen dioxide, and the colour of 
the mixture should darken. 

53.7 In theory the reaction should move to the left, in 
the direction of the endothermic change, which should 
give a lighter colour in the syringe. This is the answer 
you are expected to give. However, if you do this experi- 
ment you will be dismayed to find that the colour of the 
gas darkens. That is, more NO, is produced. This is an 
unfortunate side effect of the nature of the gases in the 
syringe. When they are suddenly squeezed together, 
heat is generated. The heating effect wins over the 
increase in pressure, and temporarily more N,O, mol- 
ecules change into NO, molecules than vice versa. 
Hence the colour darkens. If the pressure is applied very 
slowly, or the gases left under pressure for some time, 
the colour change will be in the direction we expect. Le 
Chatelier was right! 

53.8 The reaction is endothermic in the direction of 
making ammonia and hydrogen chloride. Therefore, if 
heat is applied, the equilibrium will shift and increase the 
amount of these two gases. In the hot part of the tube 
where there are just the gases there is no white solid. 
However, further up the tube, where the glass is fairly 
cold, the equilibrium will shift back in favour of 
ammonium chloride. This accounts for the white powder 
to be seen nearer the top of the tube. 

53.9 If acid is added, the hydrogen ions and hydroxide 
ions combine to give water. In effect hydroxide ions are 
removed from the equilibrium, which then shifts to the 

left in order to replace them. The left-hand side of the 



Answers — contd. 

equilibrium favours ammonium ions, so ammonia gas is 
not released. 

53.10 Hydrochloric acid is a source of chloride ions. An 
increase in their concentration causes the equilibrium to 
move to the left. We see the white solid dissolve, and the 
solution turns yellow owing to the increase in concentra- 
tion of the complex ion. 

53.11 Adding more lead(i) nitrate increases the con- 
centration of lead(1!) ions. These react with chloride ions 
to make lead(i) chloride. In effect the concentration of 
chloride ions is reduced, so the equilibrium shifts to the 
left. More lead(1!) chloride appears, and the yellow colour 
of the solution fades. 

53.12 The solution in contact with the silver chloride 

contains: small amounts of silver ions and chloride ions. 

When ammonia is added, the silver ions are converted 

into the complex ion. This has the effect of reducing the 
concentration of silver ions in the solution above the 
solid silver chloride. In turn the equilibrium 

Ag* (aq) + Cl-(aq) = AgCl(s) 

shifts to the left so as to replace the silver ions that are 
lost. We see the result of this as the silver chloride 
dissolving. 

53.13 The white colour is produced by the copper(t) 
ions reacting with hydroxide ions to make copper(u) 
hydroxide. When ammonia is added, the free copper(1!) 
ions left in the solution are converted into the complex 
ion. This decreases the concentration of free copper(1!) 
ions, so the equilibrium 

Cu?* (aq) + 20H (aq) = Cu(Oh),(s) 

shifts to the left in order to replace the copper(i) ions. 
This is the reason why the precipitate is seen to 
dissolve. 

UNIT 53 SUMMARY 

© Important equilibrium reactions: 
(i) BiCl,(aq) + H,O(1) = BiOCl(s) + 2HCl(aq) 

colourless white 

Gy Cr, 0577 (aq) HOU) = 
orange 2CrO,? (aq) + 2H* (aq) 

yellow 

(ill) L(s) + Cl,(g) Sich) 

black brown 

ICI(1) + Cl,(g) =I1Cl,(s) 
brown yellow 

(iv) I,(s) +I (aq) =I, (aq) 
deep brown 

(v) N,O,(1) =2NO,(g) 
colourless brown 

(vi) NH,Cl(s) =NH;(g) + HCl(g) 
white colourless 

(vii) Pb?* (aq) + 2Cl- (aq) = PbCl,(s) 
colourless white 

PbCl,(s) + 2Cl- (aq) = PbC1,?" (aq) 
white yellow 

(viii) Ag*t (aq) + Cl (aq) = AgCl(s) 
colourless white 

Ag* (aq) + 2NH;(aq) = Ag(NH;),* (aq) 
colourless 

(ix) Cu?+(aq) + 20H- (aq) = Cu(OH),(s) 
blue white 

Cu** (aq) + 4NH, (aq) = Cu(NH;),?* (aq) 
blue royal blue 
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O44 
Measuring equilibrium constants 

54.1 How can equilibrium constants 
be measured? — 

To measure an equilibrium constant in the laboratory 
there are three key factors to take into account. 

(i) The reactants and products of the reaction must 
actually have come to equilibrium. We can test if 
this has happened by taking small samples out of 
the reacting mixture at different times and 
analysing them. When the same result is 
obtained for successive analyses, then we assume 
that there is no further overall change in the mix- 
ture, i.e. equilibrium has been achieved. There 
are more sophisticated ways of analysis than 
actually removing samples from the mixture. For 
example, if there is a colour change in the reac- 
tion, a colorimeter can be used. When there is no 
further change in colour, we have equilibrium. In 
a gaseous reaction where there is a change in 
pressure, all that is needed is to read the pressure 
gauge. When the reading is steady we know 

there is equilibrium. 
(ii) The temperature at which the measurement takes 

place must be known, and kept constant. This is 
done by carrying out the reaction in a container 
whose temperature is kept constant using a 
thermostat system. However, this can cause diffi- 
culties. For example, if a reaction is performed at 
800° C, it can be a problem knowing how to carry 
out the analysis of the equilibrium mixture. 
There is one standard way of getting round the 
problem. The idea is to take a sample of the mix- 
ture at the high temperature and then stop any 
further reactions taking place. For all intents and 
purposes the mixture is then ‘frozen’ into the 
same proportions that it had at the high 
temperature. This process is known as quenching 
the reactions. For example, a reaction mixture at 
100°C could be plunged into iced water. At 0°C 
the reactions are likely to be very slow, thus giv- 
ing time for the analysis to be carried out. 

(iii) The concentrations, or pressure for gases, must be 
found. The most common way of measuring a 
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concentration is by performing a titration. 
However, depending on circumstances, it can be 
done by using colorimeters or electrochemical 
cells. For gases, it is sometimes possible to work 
out the partial pressures of the gases in a mixture 
if the total pressure is known. In other cases this 
is not possible and indirect means have to be 
used. This might involve quenching the reaction 
mixture and dissolving soluble gases in water. 
Then the solutions of the gases are analysed, 
perhaps by titration. If the concentrations of the 
gases in the solution are known, then it is a brief 
step to working out their mole fractions. 

In the sections that follow, you will find examples of 
some of the methods we have considered here. 

54.2 The ester equilibrium 

The equilibrium reaction between ethanoic acid and 
ethanol was first studied by the French chemist Ber- 
thelot in 1862. The reaction is: 

CH,COOH(l) + C,H,OH(1) = CH,COOC,H, (1) + H,O(1) 
ethanoic acid ethanol ethyl ethanoate water 

The equilibrium constant is 

_ [CH,COOC,H,(1)][H20(1)] 
[CH,COOH(I)][C,H;OH(1)] 

A method that can be used to determine the con- 
centrations is as follows. First, 20.0cm’ of ethanol is 
added to 20cm? of ethanoic acid in a flask, which is 
then stoppered. The flask is placed in a water bath fitted 
with a thermostat (Figure 54.1). If the temperature is 
kept at around 50° C, equilibrium is achieved after some 
hours. (At lower temperatures, the flask may have to be 
left for some days before equilibrium is achieved.) A 
pipette is used to withdraw a 10cm’ sample of the 
equilibrium mixture, and the sample is run into a flask 
containing iced water. 

The concentration of the acid in the flask can be 
measured by titrating the solution with 1.0mol dm~* 
sodium hydroxide solution, using phenolphthalein as 

Cc 



Reaction 
mixture 

Mixture allowed to equilibrate 
in a thermostatted water bath 

Sodium hydroxide 
solution of known 
concentration 

10 cm? pipette 

CO) EQ= Oe 
A 10 cm? portion is The ethanoic 
run into a flask acid in the 
containing ice mixture is 
and water titrated with 

alkali 

Figure 54.1 One method for investigating the equilibrium reaction between ethanol and ethanoic acid 

an indicator. A typical result is that 30.0cm? of the 
sodium hydroxide solution is needed to neutralise the 
ethanoic acid. Therefore, 

number of moles of sodium hydroxide used 

30.0 cm? 
Beas x 1.0 mol = 0.03 mol 

From the equation of the reaction we find that ethanoic 
acid and sodium hydroxide react in the ratio of 1 mol to 
1 mol, so: 

number of moles of ethanoic acid in 10 cm? 
= 0.03 mol 

The total volume at the start of the reaction was 40 cm?, 

and we assume this does not change during the reac- 
tion. Therefore, 

number of moles of ethanoic 

acid in equilibrium mixture = 4 X 0.03 mol 
= 0.12 mol 

7" 

We can work out the number of moles of ethanoic acid 

and ethanol we started with by looking up their densi- 
ties in data tables. The values are: 

ethanoic acid, density = 1.049 g cm~? 
ethanol, density = 0.789 g cm™’ 

Remembering that mass = density X volume, we have 

mass of ethanoic acid at start 

= 1.049 g cm? X 20.0 cm?= 20.98 g 

mass of ethanol at start 

= 0.789 g cm’ X 20.0cm?= 15.78 g 

Then, because- M(CH,COOH)=60gmol!, and 
M(C,H,OH) = 46¢ mol"! 

number of moles of ethanoic acid at start 

20.98 
~ 60g mol"! 0.35 mol 

number of moles of ethanol at start 

ED LO1e 
iGemol © aa mol 

We are now in a position to follow the pattern of cal- 
culation that we used in Unit 52. We know that we 
started with 0.35mol of ethanoic acid, and that at 
equilibrium 0.12 mol remained. Therefore 0.23 mol had 
reacted. In turn this tells us that 0.23 mol of ethanol 
were also used up. This leaves 0.11 mol of ethanol at 
equilibrium. 

CH,COOH(I) + C,H,OH(l) = CH,COOC,H, (1) + H,0(1) 
At start 

0.35 mol 0.34 mol 0 mol 0 mol 

At equilibrium 
0.12 mol 0.11 mol 0.23 mol 0.23 mol 

Concentrations /mol dm~? 

~ 0.12/0.04 0.11/0.04 0.23/0.04 0.23/0.04 

Therefore, 

_ (0.23/0.04 mol dm-) (0.23/0.04 mol dm~’) 
‘~~ (0.12/0.04 mol dm~*) (0.11/0.04 mol dm~) 
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Pe (0.23)? 

0.12 x0.11 

ee. 

K,=4.0 

The equilibrium constant for this reaction has no units, 
but we should be careful to quote the temperature at 
which it is measured; in this case 50°C. 

54.3, The hydrogen iodide 
equilibrium 

The equilibrium is 

H,(g) + L(g) = 2HI(g) 

and 

P2 

K=—= 
Py Pi, 

We have met this before as an example of a gas reaction 
in which the proportions of the gases at equilibrium are 
independent of pressure (see Table 52.1). Here it is the 
way in which this equilibrium can be studied that is of 
interest. 

The German chemist Max Bodenstein investigated 
the reaction towards the end of the last century. He 
carried out the reaction with known amounts of hydro- 
gen and iodine in sealed tubes placed in a furnace at 
around 400°C. The reaction was quenched by opening 
the tubes under cold water. The hydrogen iodide made 
during the reaction dissolved in the water. The resulting 
solution was titrated with alkali, thereby allowing the 
number of moles of hydrogen iodide present at 
equilibrium to be established. 

Let us assume that the reaction has been carried out 
and that the results were as follows: 

Temperature of experiment tube 
=450°C 

54.1 Every 30 minutes, 10cm? samples were taken 
out of a reaction mixture that originally contained 
2 mol of ethanoic acid and 2 mol of ethanol. The sam- 
ples were titrated with sodium hydroxide solution. 
Look at the graphs in Figure 54.2. Each of them 
shows volume of sodium hydroxide solution plotted 
against time. Unfortunately two of the graphs are 
wrong. Which is the correct graph for the experiment? 
Explain your choice. 

54.2 This question refers to the ester equilibrium of 
section 54.2. 

(i) What was done to quench the reaction? 

(ii) Why is it necessary to stopper the reaction flask? 
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At start of experiment: 
number of moles of hydrogen=9 X 107’ mol 
number of moles of iodine =8X10-*mol 

At equilibrium: 
number of moles of 
hydrogen iodide = 13.4x 10°? mol 

If we call x the number of moles of hydrogen that have 
reacted, then x moles of iodine will also have reacted, 
and 2x moles of hydrogen iodide will have been produ- 

ced. Therefore, 

Di —NSr4ealOm mol 

and 

= Oneal Op amaol 

Now we can draw up a chart: 

H,(g) + 1,(g) = 2HI(g) 
At start 

9x 10°? mol 8X 10°? mol 0 mol 

At equilibrium 
(9—6.7)X 1072 (86:7) <10= 
= 2-3 LOm Ole Popol Omenol 13.4 xX 10°? mol 

Mole fraction 
23 <NOmeamnol 1.3 X 1077 mol 13.4 X 10°? mol 

17 X 10>? mol 7 <MOr mol 17 X 10°? mol 

=) SleyEy — (O76 = 0.788 

Partial pressure 
0.135P, 0.076P, 0.788P; 

Thus: 

ee (0. 788P 2 
°  0.135P, X 0.076P, 

i.e. at 450°C, 

K, = 60.5 
The equilibrium constant has no units. Also, notice that 
the pressure P, cancels out, which it should do because 
there are equal numbers of moles of gas on each side of 
the reaction equation. 

54.3 If you were to mix 2mol of ethanoic acid with 
1mol of ethanol, and allowed them to come to 
equilibrium, how many moles of ester would be 
made? 

To answer this question assume K, = 4.0, and call x 
the number of moles of ester made. 

The number of moles of ethanoic acid at 
equilibrium will be (2—x) mol. What will be the num- 
ber of moles of each of the other three substances? 

You should see from the expression for K, that the 
volume of the reaction mixture cancels out, so you 
can use the number of moles of each substance as a 
measure of concentration. 

Write down the expression for K,. You will end up 



Volume of NaOH solution 

A 

Figure 54.2 The graphs for question 54.1 

with a quadratic equation to solve. (Only one of the 
answers makes sense.) 

54.4 In the hydrogen iodide equilibrium, if 0.1 mol of 
hydrogen and 0.1 mol of iodine were allowed to come 
to equilibrium at 450°C, how many moles of hydrogen 
iodide would be present at equilibrium? Take K, as 
60. 

Answers 

54.1. Graph C is correct. As the reaction proceeds, the 
number of moles of ethanoic acid decreases. Therefore 
the volume of sodium hydroxide used in the titration will 
decrease. This means that graph A cannot be correct. 
Graph B claims that the volume of sodium hydroxide 
decreases to zero. Because this is an equilibrium reac- 
tion, there must be ethanoic acid left at equilibrium, 

hence the volume of sodium hydroxide used cannot be 
zero and graph B is wrong as well. 

54.2 (i) The sample was run into iced water to slow the 
reactions down. 

(ii) Ethanol, ethanoic acid and ethyl ethanoate are all 
volatile. Without the stopper, much of them would 
escape from the flask. Equilibrium cannot be achieved if 
reactants or products are lost from the reaction mixture. 

54.3 

_ [ester][water] _ 

[acid][alcohol] (2—x)( 

=4(2—x)(1—x) 
=8— 12x + 4x? 

So 

3x? -— 12x+8=0 

and 

_ 12+ V(—12)?-4x3x8 

. 2x3 

Volume of NaOH solution Volume of NaOH solution 

To answer this question, start by calling 2x the 
number of moles of hydrogen iodide at equilibrium. 
Then write down: 

(i) the number of moles of hydrogen at equilibrium; 

(ii) the number of moles of iodine at equilibrium; 

(iii) the expression for K,. 

Solve the equation to discover the value of x. 

which gives x = 3.15 or x =0.845. The first answer must 
be wrong because we only started with 2 mol of acid, so 
we certainly could not obtain over 3 mol of ester. There- 
fore the second answer gives us the number of moles of 
each substance at equilibrium: acid, 1.155 mol; alcohol, 
0.155 mol; ester, 0.845 mol; water, 0.845 mol. 

54.4 (i) (0.1 —x) mol of hydrogen. 

(ii) (0.1 —x) mol of iodine. 

a 2x)? 
ili) K Slleies 
M) Ke (0.1 —x)? 
So 

4x? = 60(0.1 — x)? 

or 

56x? — 12x +0.6=0 

Then, 

12+ V(—12)?—4x 56x 0.6 
112 

=0.13 or 0.079 

x= 

As we started with only 0.1 mol of hydrogen or iodine, if 
_X=0.13 we would have a negative amount of them at 
equilibrium. This is impossible, so x = 0.079 is the cor- 
rect answer. At equilibrium there will be (approximately) 
0.158 mol of hydrogen iodide, and 0.021 mol each of 
hydrogen and iodine. 
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UNIT 54 SUMMARY 

i 

e@ The main ways of measuring concentrations are by e Important examples: 

titration, colorimetry, gas pressure and electro- (i) The ester equilibrium 

chemical cells. ae 

@ Often reactions are quenched by rapidly changing CMs F aaoe oad W.(1) +H,00 

the conditions, and markedly decreasing the rates 2 1 

of the reactions; e.g. by plunging a reaction (ii) The hydrogen—iodine reaction 

mixture into ice. a 
H,(g) + L(g) = 2HI(g) 

@ Once the concentrations’ are known, the equili- 
brium constant for a reaction can be calculated. 
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Equilibria between phases 

55.1 What is a phase? 

A phase can be a solid, a liquid, or a gas. It can also be a 
solution. The important thing is that in each case every 
part of the solid, liquid, gas, or solution must be the 
same as every other part. In short, it must be homo- 
geneous. If you were to mix some coal and salt, you 
would have a mixture of two solids. It is most unlikely 
that the mixture will be exactly the same in each part. 
This mixture consists of two solid phases. However, if 
you were to melt a mixture of silver and gold (you 
would have to be a fairly rich chemist!) and then allow 
the liquid to solidify, you would find that the solid was 
homogeneous. Here there would be two elements but 
only one phase. The solid made is known as a solid 
solution — it behaves like many solutions made from 
two liquids. 

For much of the time in this unit we shall ignore 
mixtures, whether they be solid solutions or not, and 
concentrate on the equilibria between the three phases 
of a pure substance: solid, liquid and gas. 

55.2 How to interpret a phase 
diagram 

A phase diagram is a handy way of summarising a great 
deal of information. We shall use the phase diagram for 
water as an example (Figure 55.1 and Table 55.1). A 
phase diagram like this has a number of lines. Each one 
summarises the conditions at which equilibrium can be 
achieved between two of the three phases (Figure 
55.2). 

(a) The vapour pressure curve 

The curve TC tells us the combination of temperature 
and pressure at which water and water vapour can exist 
at equilibrium (Figure 55.2). For example, at 25°C 
(298K) equilibrium is achieved when the vapour press- 
ure of water equals 0.03 atm. If the temperature is kept 
at 25°C and the vapour pressure is lower than 0.03 atm, 
then the water will evaporate until the vapour pressure 
reaches this value. On the other hand, if the vapour 

We Vapour pressure curve 

Pressure 
/atm 

Eto UTD 

373.15 647.4 Temperature/K 
Boiling Critical 
point point 

273.15 o7aemn oon 
Freezing Triple 
point at point 
1 atm 

Figure 55.1 The phase diagram of water. The curves are 
described in Table 55.1. (Note: the diagram has not been 
drawn to scale) 

Table 55.1. Equilibrium and the phase diagram of 
water 

Name Equilibrium 

Water and water vapour 
TB Melting point curve Ice and water 
TA Sublimation curve Ice and water vapour 

iT Triple point Ice, water and water vapour 
G Critical point One indistinguishable phase 
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Pressure 

/atm Ice and 
water can be 
at equilibrium 
here 

No equilibrium 
between ice 
and water 
possible here 

New equilibrium, between 
water and water vapour, 
possible at this point 

0.03 |/—=— ==— 

At 298 K (25°C), water 
must have a vapour 
pressure of 0.03 atm 
if it is to be in equilibrium 

373.15 273.15 298 Temperature /K 

Figure 55.2 Equilibrium is only possible at points along the 
lines on the phase diagram 

pressure is greater than 0.03atm, then the water 
vapour will condense until the vapour pressure is redu- 
ced to 0.03 atm. 

The vapour pressure curve also allows us to predict 
the boiling point of water at a given pressure. Especi- 
ally, you need to know that: 

A liquid will boil when the atmospheric press- 
ure equals the vapour pressure. 

For example, if we placed some water at 25°C in a flask 
and reduced the pressure inside it, when the pressure 
reached 0.03 atm, the water would boil. 

Of course, we are more used to the idea that water 
will boil at 100°C (strictly 100.15°C); but this is only 
true when the vapour pressure of water reaches 1 atm, 
the typical pressure of the atmosphere. 

(b) The melting point curve 

Along the curve TB we have pairs of values of 
temperature and pressure at which ice and water can 
exist in equilibrium (Figure 55.2). The most famous pair 
is 0°C (strictly 0.15°C) at latm pressure, which cor- 
responds to the freezing point of water (or the melting 
point of ice). If we increase the temperature, then on 
the diagram we move horizontally from left to right. As 
soon as we move off the curve, equilibrium is no longer 
possible and, as experience tells us, ice will melt. If we 
keep moving across the diagram we shall meet the 
vapour pressure curve, where equilibrium between 
liquid and vapour can be established. 

(c) The sublimation curve 

Sublimation is the change from solid to vapour, or 
vapour to solid, without the intermediate change into a 
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liquid. The conditions for an equilibrium between ice 
and water vapour are shown on the curve AT. The 
diagram shows that sublimation cannot happen at a 
temperature above 273.16K, or at a pressure greater 

than 0.006 atm. 

(d) The triple point 

The point T (0.006 atm, 273.16K) is the only place on 
the diagram where the three phases, ice, water and 
water vapour, can exist in equilibrium with each other. 

(e) The critical point 

The point C is called the critical point. At this point 
liquid and vapour become indistinguishable. (Along the 
vapour pressure curve before the critical point, liquid 
water has a greater density than water vapour. At the 
critical point their densities are equal.) Once the critical 
point is reached, there are no longer two separate 
phases. 

55.3. The phase diagram of sulphur 

Sulphur has two allotropes (see Unit 57): rhombic sul- 
phur and monoclinic sulphur. The two differ in their 
crystal structures. The phase diagram for sulphur is 
shown in Figure 55.3. The point B is interesting because 
it is a triple point, but one that involves two solid phases 
and one vapour phase (rather than solid, liquid and 
vapour). Here, rhombic and monoclinic sulphur can 
exist in equilibrium with sulphur vapour. The 
temperature at B, 95.5°C, is called the transition 
temperature for rhombic and monoclinic sulphur. 

However, if you heat rhombic sulphur in the 
laboratory the transition is unlikely to take place at 
95.5°C. It can take a long time for equilibrium to be set 
up between two solid phases. In the case of sulphur, all 
but the most careful heating results in rhombic sulphur 
surviving to 114°C instead of changing into monoclinic 
sulphur. The rhombic sulphur is said to be in a meta- 
stable state. It is energetically unstable, but kinetically 
the change into monoclinic sulphur is very slow. At 
114°C a triple point occurs between the metastable 
rhombic sulphur, liquid sulphur and: sulphur vapour. 
You can see the phase diagram for the metastable 
system in Figure 55.3b. 

55.4 The phase diagram of helium 

The phase diagram of helium (Figure 55.4) is remark- 

able because it shows two liquid phases, called helium I 

and helium II. The properties of helium II are very odd. ~ 

For example, if it is put into an open container, it will 

spontaneously travel up the walls of the container and 

overflow. There is a triple point between helium I, 

helium II and helium vapour at 2.17K and 0.05 atm. 

This is called the lambda (A) point of helium. 



Pressure 
/atm 

(a) D 

/ rere point curve 
for rhombic sulphur 

RHOMBIC 
SULPHUR 

LIQUID 
Equilibrium SULPHUR 
between rhombic 
and monoclinic 
sulphur 

E Critical point 

ter 

Vapour pressure curve 

“~"——\___ Sublimation curve for 
monoclinic sulphur 

abs SULPHUR VAPOUR 
Sublimation curve for 
rhombic sulphur 

Temperature/K 

Pressure 
Jatm 
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Figure 55.3 (a) Phase diagram for sulphur. The points B, C 
and T are: B (368.5K, 10-°atm); C (428K, 1290atm); T 
(393 K, 3x10~° atm). (b) The phase diagram of sulphur 
involving the metastable state 

Pressure 
/atm SOLID 
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LIQUID 
HELIUM Il 

LIQUID 
HELIUM | 

Triple point (the A point) 

0.05- ----—---= 
HELIUM 
VAPOUR 

Die Temperature /K 

Figure 55.4 The phase diagram of helium. The diagram is 
unusual because of the equilibrium between the two liquid 
forms of helium 

55.1 (i) How many triple points are there in the 
phase diagrams of helium and sulphur? 

(ii) For each of them, what are the phases in 
equilibrium? 

(iii) Will solid helium sublime? 

55.2 Look at the phase diagram of water in Figure 
55.1. You can see that the melting point curve is 
almost a straight line, and that it slopes backwards. 
Does an increase in pressure increase or decrease 
the melting point of ice, i.e. does an increase in press- 
ure turn ice into water, or water into ice? If you 
remember Le Chatelier’s principle, apply it to your 
answer, using the fact that ice is less dense than 
water. 

55.3 This question shows you how to calculate the 
way in which vapour pressures change with 
temperature. 

If we want to change a liquid into a vapour, we have 
‘to supply energy. We also know that the vapour 
pressure of a liquid increases as its temperature 
increases. The reason is that on average the energy 
of the molecules increases, so more of them gain 
enough energy to escape from the surface of the 
liquid. If AH is the energy needed to vaporise 1 mol of 
liquid, the vapour pressure P at a temperature T is 
given by 

P=constant x exp(— AH/RT) 

With a little mathematics, we can turn this into the 
following equation 

In (F] ——AH (+-z 
P Reel ie at 

(In is the natural logarithm). This equation (a version 
of the Clausius—Clapeyron equation) allows us to cal- 
culate the vapour pressure of a liquid over a range of 
temperatures. It assumes that the heat of vaporisa- 
tion does not change with temperature, which is nor- 
mally a very reasonable assumption. 

(i) For water above about 25°C (298K), we can 
estimate AH as 42kJ mol"'. At 298K the vapour 
pressure is 0.03 atm. Use these values as 7, and P.. 
Write a computer program to calculate the vapour 
pressure of water between 298 and 373 K. If you can, 
use the computer to plot a graph of the results. How 
does your graph compare with the vapour pressure 
curve in Figure 55.1? You may prefer to use another 
version of the equation: 

P,=P, exp rte (a 
1 vA 

(ii) What value do you get for the vapour pressure of 
water at 373K? What value should it be? 

55.4 The triple point for carbon dioxide comes at 
217K, 5.1atm and the critical point is at 304K, 
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72.9 atm. Unlike water, carbon dioxide contracts in 

volume when it changes from a liquid to a solid. 

(i) Sketch the phase diagram for carbon dioxide. 
(Your answer to question 55.2 may help you.) 

(ii) Comment on why solid carbon dioxide can be 
used to produce a cloud of vapour for special effects 
in films, television shows, pop concerts, etc. 

Answers 

55.1 (i) For helium there are two, for sulphur three. 

(ii) Helium: vapour, helium |, helium II; solid, helium |, 
helium I. Sulphur: vapour, rhombic, monoclinic; vapour, 
monoclinic, liquid; liquid, rhombic, monoclinic. 

(iii) No; there is no equilibrium line between solid and 
gaseous helium. 

55.2 An increase of pressure takes you up the melting 
point curve, and backwards along the temperature axis, 
i.e. the melting point decreases. An increase in pressure 
turns ice into water. A given mass of ice takes up a 
greater volume than the same mass of water (both at 
0°C). Therefore if there is an equilibrium between them, 
Le Chatelier’s principle tells us that an increase in press- 
ure should cause the equilibrium to shift in the direction 
of the ‘low pressure side’ (See section 52.6). This is the 
side that has the lower volume, in this case water. 

55.3 (i) Your program should give the following 
values: 

The graph is a curve of the type shown in the phase 
diagram. 

(ii) The value of the vapour pressure is 0.907 atm at 
373 K. The true value should be 1 atm. The difference is 
due to an inaccurate estimate of AH. There is also an 
assumption embedded in the equation that AH does not 
vary with temperature; strictly this assumption is not 
valid. 

55.4 (i) The phase diagram is shown in Figure 55.5. 
Notice that the solid/liquid line slopes upwards to the 
right (positive slope). This is unlike that for water, which 
slopes upwards to the left. 

(ii) Below 5.1 atm and above 217 K, solid carbon dioxide 
will change directly into gas. The solid, ‘dry ice’, prod- 
uces the dense cold vapour that drifts around the feet of 
performers. 

Pressure 
/atm 

Temperature /K 

Figure 55.5 The phase diagram for carbon dioxide. Note: 
in liquid CO, fire extinguishers, the pressure is about 
6.7 atm, so that an equilibrium between vapour and liquid 
can exist at room temperature 

UNIT 55 SUMMARY 

e@ A phase can be a solid, a liquid or a gas. It can also be 
a solution. In each case, every part of the solid, 
liquid, gas or solution must be the same as every 
other part, i.e. homogeneous. 

e@ Phase diagrams often consist of three lines and one 
point: 

(i) The vapour pressure curve shows the com- 
binations of temperature and pressure at 
which a liquid and its vapour can exist at 
equilibrium. Part of the curve gives the 
boiling point of the liquid. A liquid will boil 
when the vapour pressure equals the 
atmospheric pressure. 
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(ii) The melting point curve shows the com- 
binations of temperature and pressure at 
which a solid and its liquid phase can exist at 
equilibrium. 

(iii) The sublimation curve shows the com- 
binations of temperature and pressure at 
which a solid and its vapour phase can exist 
at equilibrium. 
The triple point is the only place on a phase 
diagram where three phases, solid, liquid and 
vapour, can exist in equilibrium with each 
other. 

(iv — 



D6 
Chromatography 

56.1 What is chromatography? 

Chromatography is a method of separating and analys- 
ing mixtures. You may have done the simple 
chromatography experiment illustrated in Figure 56.1. 
Here, dots of various inks have been placed on a piece of 
filter paper and the paper stood in a trough of solvent. 
The solvent may be water, but better results are 
obtained by using a mixture of ammonia solution and 
ethanol or butanol. The solvent travels up the paper, 
dragging the individual dyes in the inks with it. After 
some minutes the different coloured dyes can be.seen 
separated from one another. Once the paper is dried, 
the pattern on the paper is called a chromatogram. 

This experiment illustrates the main features of many 
types of chromatography. There is a competition at 
work (Figure 56.2). It is between 

(i) the tendency for the dyes to cling to the elements 
of water that are naturally present in paper, and 

ie Solvent front 

Chromatography 
paper 

Dyes separating 

Stand 

(i ae ee el 
Solvent 

Figure 56.1 A simple chromatography apparatus. This one 
uses ascending chromatography 

A sophisticated gas chromatography machine has its output 
directly analysed by computer. 

(ii) the ability of the dyes to dissolve in the solvent as 
it travels up the paper. 

In fact it is a type of partition experiment. The major 
difference between this and the partition experiments 
we shall look at in Unit 62 is that one of the solvents is 
invisible, i.e. the water in the molecular structure of the 
paper. 
We say that there is a partition between a stationary 

phase (the water trapped in the paper) and a mobile 
phase (the solvent). If a dye dissolves more readily in 
the mobile phase, then it will travel with the solvent. 
The reason why different dyes travel at different rates 
up the paper is a result of their different solubilities in 

the two phases. 
We shall now pay closer attention to the five types of 

chromatography in widespread use. 
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Solvent Water Paper 

Direction of 
movement of 
solvent 

This dye dissolves 
more readily in the 
solvent. It travels up 
the paper more 
quickly 

This dye tends to 
stick with the 
layer of water. 
It moves only very 
slowly up the 
paper 

Figure 56.2 A much simplified diagram to illustrate the com- 
petition between the solvent and water adsorbed on the sur- 
face of chromatography paper 

56.2 Paper chromatography 

As we have seen, in paper chromatography the parti- 
tion is between two liquids, although one of them (the 
water on the paper) is trapped in position by its attrac- 
tion for the cellulose in paper. In _ ascending 

Figure 56.3 An apparatus for descending chromatography 
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chromatography (see Figure 56.1) the solvent travels 
up the paper by capillary action. In descending 
chromatography (Figure 56.3) the solvent travels down 
the paper, also by capillary action but also helped a little 
by gravity. 

The key to the success of chromatography is that, 
given the same conditions, i.e. type of paper, solvent 
and temperature, the same substance will always move 
at the same rate relative to the solvent. This is shown in 
Figure 56.4. The three chromatograms have the solvent 
front and the position of the dye at different distances 
along the paper. However, in each case the ratio 

distance travelled by dye 

distance travelled by solvent 

is constant. This ratio is the R,; value of the dye. R, values 
have been tabulated for a vast range of substances in 
many different solvents. This allows an ‘unknown’ 
component of a mixture to be identified from its 
chromatogram. 

Fortunately paper chromatography is not restricted to 
analysing coloured compounds. Mixtures of colourless 
amino acids can be analysed by chromatography. The 
mixture is spotted on to the paper and left in contact 
with the solvent. Before the solvent reaches the top of 
the paper, the experiment is stopped, and the paper 
dried. Then a developing agent is sprayed on to the 
paper. A substance called ninhydrin has been widely 
used for this purpose, but if you come across it, beware: 
it is carcinogenic. The developer shows the positions of 
the different acids, so their R; values can be calculated 
and compared with values in tables. (Some typical R;, 
values for amino acids are shown in Table 56.1.) An 
alternative method is to spot known amino acids on to 
the paper alongside the mixture, and then the distances 
travelled by the known and ‘unknown’ acids can be 
compared very easily. 

A problem that sometimes arises is that the R,; values 
of two (or more) amino acids can be very similar in a 
particular solvent. If this happens, you would not be 

Trough for solvent 

Glass tank 

Chromatography paper 

Solvent front 



Shorter time 

Solvent front 

48 mm 

Solvent front 

120 mm Gr 

72 mm 

Longer time 

Ry = 48mm/80 mm = 0.6 Ry = 72mm/120mm = 0.6 R; = 120mm/200 mm = 0.6 

Figure 56.4 The R, value tells us the ratio of the distance moved by the solvent to the distance moved by the spot. The positions of 
the solvent front and the spot will depend on the length of time that the experiment is run 

A B 

Solvent: 
phenol + 
ammonia 

D (@; 

Initial spot 

B 

A 

Solvent: 
butanol + 
ethanoic 
acid 

A 

Figure 56.5 A two-way chromatogram. Chemicals with similar 
R; values in one solvent can be separated by running the 
chromatogram in a second solvent. The paper has to be 
turned through 90° before the second experiment. In this case 
valine (V) and histidine (H) have very close R, values of 0.76 
and 0.7 in phenol/ammonia. The spots do not separate prop- 
erly. However, in butanol/ethanoic acid the R, values are 0.45 

and 0.1 respectively. This time the spots are widely separated 

Table 56.1. R; values of some amino acids in 
two solvents* 

Amino acid Phenol/ammonia Butanol/ethanoic acid 

Alanine 0.55 0.28 

Arginine 0.85 0.10 

Cystine 0.13 0.05 

Glycine 0.41 One 
Histidine 0.70 0.10 

Leucine 0.86 0.61 

Serine O35 0.16 

Valine 0.76 0.45 

*Adapted from: Blackburn, S. (1968). Amino Acid 
Determination, Edward Arnold, London, table 10.1, p. 141 

able to see separate spots on the developed 
chromatogram. The way round the problem is to do 
two-way chromatography (Figure 56.5). A chromatogram 

is produced in the normal way; then the paper is dried 
and turned through a right angle before it is placed in a 
second solvent. The second solvent completes the 
separation. 

56.1 A student drew an ink line across a piece of 
chromatography paper and spotted samples of 
coloured dyes at several points along it. The paper 
was then used for ascending chromatography. Why 
was the student rather foolish? 

56.2 A second student wrote that ‘in descending 
chromatography heavier molecules are bound to 
have higher AR, values than lighter molecules’. Do you 
agree? 

56.3 Draw a diagram showing the chromatograms 

Chromatography 329 



you would expect to obtain if you were to use a mix- 
ture of glycine, histidine and valine using (i) 
phenol/ammonia and (ii) butanol/ethanoic acid as the 

solvent. 

56.4 Look at the chromatograms of a mixture of 
amino acids in Figure 56.6, and use the values in 
Table 56.1 to answer the following questions: 

(i) What are the approximate R, values of the spots in 
the one-way and the two-way chromatograms? 

(ii) Which amino acids did the mixture contain? 

A 

Solvent front 

Original First chromatogram 
spot Solvent: phenol/ammonia 

B Cc 
Solvent front 

Second chromatogram 
Solvent: butanol/ethanoic acid 

Figure 56.6 Two-way chromatograms for question 56.4. 
The diagrams are drawn to scale. Use a ruler to help you 

measure the R, values 

56.3 Thin layer chromatography 
(TLC) 

TLC is similar to paper chromatography, but can be 
more sensitive. A thin layer of, for example, cellulose, 
silica gel, or alumina is deposited on a glass slide. The 
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sample under test is spotted on to the plate, and the end 
is left dipping into solvent. The analysis of the 
chromatogram is done in the same way as in paper 
chromatography. Here the mechanism of the process 
relies on the variation in the adsorption of the sub- 
stances on the cellulose, silica gel or alumina. This is 
different to the partition chromatography we have con- 
sidered previously. In fact paper chromatography 
involves separation through adsorption as well as 
partition. 

56.5 You are working in the quality control 
laboratory of an ink manufacturer. Samples of three 
different inks were spotted on to a thin layer plate 
together with pure samples of red, green, yellow and 
blue dyes. The resulting chromatogram is shown in 
Figure 56.7. Which coloured dyes did the three inks 
contain? Are there any features of the chromatogram 
that need reporting? 

Figure 56.7 Chromatogram for question 56.5 

56.4 Column chromatography 

In column chromatography a column (usually, but not 
always, made of glass) is packed with particles, which 
make the basis for the stationary phase. Cellulose beads 
are often used in this way. The mixture under test is 
placed on the top of a layer of sand on the column, and 
a slow stream of solvent, the eluant, washes the mixture 
through it. The sand is there to prevent the particles 
being disturbed by the liquid. The substance that is the 
least attracted into the stationary phase is washed out at 

the bottom of the column first, followed by the remain- 
ing components over a period of time. With the right 
choice of column material and solvent, the components 
in the mixture can be collected in different flasks, and 



analysed further if necessary. If you try an experiment 
like this, you can use a burette filled with alumina; but 
be sure to mix the alumina with solvent first to make a 
slurry before putting it into the burette. This ensures 
that the column is free of air spaces, and also prevents 
the glass from breaking should the powder expand as it 
takes up the solvent. If you use a mixture of coloured 
inks or dyes, you should see the coloured bands work 
their way down the column. Incidentally, do not let the 
column dry out. 

56.5 Yon exchange chromatography 

This is a variation of the column method we have just 
looked at. The difference is that the column is packed 
with an ion exchange resin (Figure 56.8). This is made of 
beads of, polymer that have charged groups on their 
surface. In an anionic exchange resin, the groups are 
negatively charged. If positive ions tumble down the 
column they can be attracted by the negative charges 
and become trapped on the column. Likewise, in a 
cationic exchange resin, negatively charged ions will be 
trapped. The essence of ion exchange chromatography 
is that ions of one type will be attracted to the charges 
on the column more (or less) strongly than ions of a 
different type. A solution of the ions to be separated is 
placed on the top of the column, and the eluant slowly 
added. The ions that are least attracted to the charges on 
the beads will emerge from the bottom of the column 
before the others, so solutions of the different ions can 
be collected in different flasks. 

56.6 Gas—liquid chromatography 
(GLC) 

GLC is a little different to the others because the mobile 
phase is a gas. The gas is passed over a solid, which, as in 
the other types of chromatography, acts as a support for 
the stationary liquid phase. You can see the basic design 
of a GLC apparatus in Figure 56.9a. An inert solid is 
used to support the stationary liquid phase, and is 
packed into a steel coil kept in a thermostatted oven to 
maintain an even temperature. The sample is injected 
into the coil through a rubber septum. The temperature 
of the oven must be high enough to vaporise the sam- 
ple, which is carried through the coil by a stream of 
inert gas such as nitrogen. After leaving the coil, the 
sample, and carrier gas, pass through a detector. This 
usually works by measuring the thermal conductivity of 
the gas passing by. The electronics in the detector 
amplifies the signal and it is sent to a chart recorder. The 
chart shows a peak for each component in the original 
mixture (Figure 56.9b). One of the good things about 
the chart is that the area under each peak is propor- 
tional to the amount of the substance present, so the 
experiment can give us quantitative as well as qualitat- 
ive information. 
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plus the (now) soft water 

Figure 56.8 lon exchange resin. Here Na* ions are ex- 
changed for Ca?* ions 

A neat variation on the use of GLC has been used. 
The output stream from a GLC is fed directly into the 
input of a mass spectrometer. In this way a mixture can 

be separated into its components and their mass spectra 

determined all in one experiment (see photo on p. 161). 
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inert support 
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| 
Pentane 

Nonane 

eee) le 
Figure 56.9 (a) The key parts of a GLC apparatus. (b) The 
output from a GLC apparatus using a mixture of pentane, 
Cs5H;>2, and nonane, CgH29 

56.7 High pressure liquid 
chromatography (HPLC) 

Gas chromatography proved to be such a resounding 
success that a version that used liquid rather than gas as 
the eluant has been invented. The principle is much the 
same as in GLC. However, because liquids are more 
viscous than gases, the pressure used to make them pass 
through a column is greater than in GLC: between 20 
and 200 atm. Such high pressures require a strong col- 
umn, which is often about 25cm in length. Figure 
56.10a shows you the scheme of the process. The mol- 
ecules coming off the column are detected by an ultra- 
violet spectrophotometer, and the output appears as a 
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Figure 56.10 (a) An outline of a high pressure liquid 
chromatography (HPLC) apparatus, together with (b) a typi- 
cal output. (Adapted from: Knox, J. H. et al. (1979). High 
Performance Liquid Chromatography, Edinburgh University 
Press, Edinburgh) 

series of peaks very much like the GLC charts (Figure 
56.10b). Owing to its accuracy, HPLC has become very 
widely used in analysis and research. 

56.6 The area under the peaks on a GLC chart can 
be found electronically, but there are other ways of 
using the charts to find the relative proportions of the 
components in a mixture. If you were given a chart 
and asked to work out the proportions of the com- 
ponents from it, what would you do? 



Answers 

56.1 The dyes in the ink may also travel up the paper 
and overlap with the dyes under test. A pencil line 
should always be drawn to mark the starting line. 

56.2 Chromatography depends on the degree of parti- 
tion of the molecules between the stationary and mobile 
phases. A heavy molecule could easily have a smaller R, 
value than a lighter molecule. The effects of gravity are 
insignificant compared with the setting up of equilibrium 
between the two phases. 

56.3 The chromatograms are shown in Figure 56.11. 

- Glycine 

Solvent: phenol/ammonia 
The FR; values of valine 
and histidine are similar. 
The spots given by these amino 
acids are likely to overlap 

Valine 

Glycine 

Histidine 

Solvent: butanol/ethanoic acid 
In this solvent the FR, 
values of glycine and 
histidine mean that they 
will give overlapping spots 

Figure 56.11 Diagrams for answer to question 56.4 

56.4 (i) In the one-way chromatogram the two spots 
have R; values of about 0.85 and 0.35. In the two-way 
chromatogram the spots have values of about 0.1, 0.15 
and 0.6. If we call the spots X, Y and Z as in Figure 
56.12, we can draw up a table of R, values: 

X Y rs 

In phenol/ammonia 0:35 0.85 0.85 
In butanol/ethanoic acid 0.15 0.1 0.6 

(ii) If you match these against the values in Table 56.1 
you should find that X=serine, Y=arginine and 
Z= leucine. Notice that in the one-way experiment the R, 
values of leucine and arginine are so close that they 
appear as one spot. 

B 

Solvent front 

D 

Figure 56.12 Diagram for answer to question 56.4 

56.5 A contains red and yellow. C contains blue only. 
The problem is B. It certainly contains blue and green, 
and it seems as if it might contain red as well. However, 
the lowest spot is not at the same level as the pure red. It 
may be that the red dye in sample B is faulty, so that it 
has a slightly different R, value; alternatively the spot is 
showing that an impurity is present. Both possibilities 
would have to be investigated. 

56.6 You might be tempted to ask someone’s help, but 
you might have hit upon the method used before things 
were automated: cut out the peaks and weigh the pieces 
of paper. The relative masses will be proportional to their 
areas, and hence to the quantities of the components 
present. 

UNIT 56 SUMMARY 

@ Each substance has its own characteristic R; value for 
a given mobile and stationary phase. For example, 
for a dye: 

@ Chromatography is a method of separating and 
analysing mixtures. It is a type of partition 
experiment. 
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distance travelled by dye 
Tee SGU SS 

: distance travelled by solvent 

@ Paper chromatography: 
Partition is between the stationary phase (water 
on the paper) and the mobile phase (the solvent). 

@ Column chromatography: 

334 

A column of an inert material has the sample 
placed on top, and the solvent (the eluant) washes 
the various components down the column at 

different rates. 

Physical Chemistry 

@ Jon exchange chromatography: 
The column is packed with an ion exchange resin. 
This is made of beads of polymer that have 
charged groups on their surface. In an anionic 
exchange resin, the groups are negatively charged 
and trap positive ions. In a cationic exchange 
resin, negatively charged ions will be trapped. 

@ Gas-—liquid chromatography: 
An inert gas, e.g. nitrogen, is passed over a solid, 
which acts as a support for the stationary liquid 
phase. The gas sweeps the sample vapour through 

the column. 



D/ 
Polymorphism and allotropy 

57.1 What is polymorphism? 

In this unit you will come across a number of new 
words together with their meanings. You may find it 
helpful to consult Table 57.1, which summarises the 
main things you need to know. 

Table 57.1. Polymorphism and allotropy 

Polymorphism A substance can exist in two or more forms 

in the same state 

Allotropy Polymorphism in elements 

Enantiotropy __ Each allotrope (or polymorph) can be 
energetically stable 

Monotropy Only one allotrope (or polymorph) is 
energetically stable 

Dynamic Two allotropes can exist in equilibrium with 
allotropy each other 

Transition The temperature at which two energetically 
temperature stable allotropes convert into one another 

Metastable An energetically unstable form of an ele- 
ment or compound appears to be stable 
owing to a very slow rate of change into 
the stable form 

Some substances can crystallise in two or more forms. 
For example, mercury() iodide can be found as either 
red or yellow crystals. The two types of crystal are 
polymorphs. We say that mercury(I!) iodide exhibits poly- 
morphism. The red form is energetically stable below 
126°C; the yellow form is energetically stable above 
126°C. At 126°C the two forms can change into one 
another. This temperature is the transition temperature. 
Some examples of polymorphism are shown in Table 
Silke 

Calcium carbonate is another chemical that crystal- 
lises in two different forms: calcite and aragonite. Both 
types are widely spread in Nature. For example, marble 
is an array of small calcite crystals, while Iceland spar is 
a mineral consisting of large single crystals of calcite. 
The chalky precipitate made when carbon dioxide 
reacts with lime water is composed of very fine crystals 

Table 57.2. Examples of polymorphism 

Mercury (m1) HgL(s) = HgL(s) Transition tem- 

iodide red yellow perature 126°C 

Ammonium NH,Cl(s) = NH,Cl(s) Transition tem- 
chloride caesium sodium perature 184°C 

chloride chloride 
structure structure 

Iodine IC](s) —— el Gl(s) No transition 
mono- red, brown, temperature 
chloride stable metastable 

of calcite. Aragonite is the main building material in 
corals and the shells of other sea creatures. 

Unlike mercury(I) iodide, there is no transition 
temperature for the change of calcite into aragonite. 
The reason is that at any temperature calcite is always 
the energetically stable form of calcium carbonate. Ara- 
gonite is always energetically unstable with respect to 
changing into calcite. However, the rate of change of 
aragonite into calcite is extremely slow. A substance 
like aragonite, which by rights should not exist because 
it is energetically unstable, is said to be metastable. A 
metastable state exists only while the rate of change 
into the energetically stable form is very slow. If ara- 
gonite is heated to over 400°C it begins to change into 
calcite much more quickly than at room temperature. 
At 450°C the change is even more rapid; at 350°C it is 
much slower. The temperature of 400°C is not a transi- 
tion temperature. The change of aragonite into calcite is 
taking place at all temperatures; the change only 
becomes noticeable at around 400°C. 
We have now discovered two types of polymorphism. 

There are different names for them: 

Enantiotropy: there is a transition temper- 
ature. 

Monotropy: there is no transition temperature. 
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Marble is an excellent material for many uses, not the least of 

which is pastry making for the living, and marking the memory 
of the dead. 

57.2 What is allotropy? 

The short answer to this is that it is polymorphism in 
elements. Some examples of allotropy are shown in 
Table 5733. 

Sulphur has two allotropes, called rhombic and 
monoclinic sulphur. Each type crystallises in a charac- 
teristic form (Figure 57.1). They can be distinguished by 
the shape of their crystals or by measuring their densi- 
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This sample of calcite (Iceland spar) clearly shows the 
phenomenon of double refraction, where light passing 
through the crystal is split into two rays. 

Table 57.3. Examples of allotropy 

Sulphur) Sas) ieee — eons) Transition 
rhombic monoclinic temperature 95.5°C 

Tin Sn(s) = PSnis) Transition 

grey white temperature 13.2°C 

Phos- (2), (S) eS) No transition 

phorus red, white, temperature 
stable metastable 

Carbon C(s) sn Gi((S) No transition 
graphite, diamond, temperature 
stable metastable 

Rhombic Monoclinic 

Figure 57.1 The shapes of crystals of rhombic and monoclinic 
sulphur. The latter are fine and needle-like 

ties. Rhombic sulphur is energetically stable below 
95.5°C, and monoclinic sulphur is energetically stable 
above this temperature. Therefore sulphur is an ele- 
ment that shows enantiotropy (or enantiotropic 

allotropy). 
Phosphorus is an element that displays monotropy. It 

has three different forms, white, red and black phos- 



P 

pee p 

White phosphorus 
consists of individual 
P, tetrahedra 

I\ P 

=. 
P 

p Ue p2snueosy Dip 7a op 

In red phosphorus the P, tetrahedra are joined 
in long chains 

Figure 57.2 The arrangements of phosphorus atoms in red 
and white phosphorus. The structure of black phosphorus is 
complicated, with a great deal of interlinking between chains 
of atoms 

phorus (Figure 57.2). Red phosphorus is always the 
energetically stable form. White and black phosphorus 
are metastable forms. White phosphorus is quite com- 
mon and can be kept in laboratories for years without 
converting into red phosphorus. (However, it has to be 
kept under water to prevent it bursting into flame when 
oxygen in the air reacts with it.) Black phosphorus is 
made by heating red phosphorus to a high temperature 
and under high pressure. 

Carbon has graphite and diamond as its two 
allotropes (Figure 57.3). We have discussed their struc- 
tures in Unit 32. The key things to remember about 
them is that graphite is much softer than diamond, and 
that graphite will conduct electricity whereas diamond 
is an insulator. Graphite has a layer structure, but the 
carbon atoms in diamond make up a much stronger 
interconnected three-dimensional lattice. 

Oxygen also shows allotropy, but of a special type. In 
common with a few other elements it has allotropic 
forms in the same state that can exist in equilibrium 
with each other. Oxygen, O,, and trioxygen (ozone), 
O,;, are the most famous example: 

303(8) =203(8) 

Given that all equilibria are dynamic, the change from 
one allotropic form to the other is also dynamic; hence 
the name given to the allotropy of oxygen is dynamic 
allotropy. Oxygen will convert into trioxygen when it is 
irradiated with ultraviolet light. This happens naturally 

(a) | Graphite 

Layers 
of atoms 
on top of 
each other 

(b) Diamond 

Three-dimensional 
tetrahedral 
arrangement of 
atoms 

Figure 57.3 The two allotropes of carbon: graphite and 
diamond 

The two allotropes of carbon: diamond and graphite. 

in the upper atmosphere. Trioxygen itself is poisonous, 
but its presence in the upper atmosphere is essential. It 
has the ability to absorb much of the harmful ultraviolet 
radiation from the Sun. You will find more information 
about the role of trioxygen (ozone) in Unit 99. 

57.1 The density of rhombic sulphur _ is 
2.07 x 10°kg m~%, and that of monoclinic sulphur is 
1.96 x 10°kg m~*. The apparatus shown in Figure 
57.4 is used to study the change of rhombic sulphur 
into monoclinic sulphur. It is a type of dilatometer. (A 

~ dilatometer measures changes in volumes.) The con- 
centrated sulphuric acid does not react with sulphur, 
nor does it boil until well above 100°C. Study the 
diagram and predict: 

(i) what happens to the height of sulphuric acid in the 
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Narrow bore moked 
glass tubing 

Scale 

Concentrated 
sulphuric acid 

Molten sulphur 

Figure 57.4 A simple dilatometer for following the change 
between rhombic and monoclinic sulphur 

tube when the temperature of the boiling tube is 
increased from room temperature to about 100°C; 

(ii) the shape of a graph of height of liquid in the tube 
plotted against temperature. 

Why is the measuring tube made of capillary tubing 
(glass tubing of small diameter)? 

57.2. Grey tin is considerably more brittle than white 
tin. Would you recommend making buttons for 
clothes out of tin? 

57.3 All substances have a tendency to lose their 

Answers 

57.1. (i) Monoclinic sulphur is less dense than rhombic 
sulphur, so a given mass of monoclinic sulphur has a 
greater volume than the same mass of rhombic sulphur. 
For this reason, at the transition temperature, 95.5°C, 

the liquid level in the measuring tube rises rapidly. 

(ii) The shape of the graph is shown in Figure 57.6. 

The tube is narrow so that a small volume change 
brings about a large increase in height of the liquid — it 
magnifies the volume change. 

57.2 It would not be a good idea. If the temperature 
falls below the transition temperature, 13.2°C, the but- 
tons might crumble and fall off. It is said that this hap- 
pened to Napoleon’s troops in their winter retreat from 

Moscow. 

57.3 White phosphorus has the greater vapour press- 
ure. It is easier for the separate P, molecules in white 
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atoms or molecules into the atmosphere. That is, they 
have a vapour pressure. Which do you think has the 
higher vapour pressure, red or white phosphorus* 
Give a reason for your answer. 

57.4 If they are asked, many students believe 
diamond to be the most stable form of carbon. Why 
might they think this? Write a few sentences that 
would explain to them why they are wrong. 

57.5 Part of the phase diagram of phosphorus is 
shown in Figure 57.5. At room temperature and 
pressure, white phosphorus has a higher vapour 
pressure than red phosphorus. 

Pressure 
/atm 

LIQUID 

VAPOUR 

Temperature/K 

Figure 57.5 Part of the phase diagram of phosphorus 

(i) At the temperature marked 7, which of the lines A 
and B corresponds to the greater vapour pressure? 

(ii) Which of the lines belongs to red phosphorus, and 
which to white phosphorus? 

Monoclinic liquid 
sulphur 

Rhombic 
sulphur 

95 100 

Temperature/°C 

Figure 57.6 Graph for answer to question 57. 1(ii) 



Answers — contd. 

phosphorus to escape than for the long chains of joined 
P, units in red phosphorus. 

57.4 Diamond is much harder than graphite, and does 
not burn. Appearances are deceptive though. Graphite 
is the energetically stable form. However, the interlock- 
ing tetrahedral arrangement of carbon atoms in diamond 
means that, if it is to convert into the hexagonal ring 
structure of graphite, a vast number of bonds have to be 
broken and new ones made. This is so unlikely to hap- 
pen that for all intents and purposes the reaction does 

not take place. This is an example of a reaction that is 
kinetically infinitely slow, but one that is energetically 
possible. 

57.5 (i) Line A. 
(ii) Line A belongs to white phosphorus. You can work 
this out in two ways. First, because we have already said 
that white phosphorus has a higher vapour pressure 
than red phosphorus. Secondly, line A is not connected 
to any other curves on the phase diagram. This sug- 
gests that it belongs to a metastable species (white 
phosphorus). 

UNIT 57 SUMMARY 

Polymorphism occurs when a substance can exist in 
two or more forms in the same state. 

Allotropy is polymorphism in elements. 
Enantiotropy applies to cases where each allotrope 

(or polymorph) is energetically stable. 
Monotropy occurs when only one allotrope (or 

polymorph) is energetically stable. 
Dynamic allotropy occurs when two allotropes can 

exist in equilibrium with each other. 
Transition temperature is the temperature at which 

two energetically stable allotropes convert into 
one another. 

e@ Metastability is where an energetically unstable 
form of an element or compound appears to be 
stable owing to a very slow rate of change into the 
stable form. 

@ Elements that have allotropes include carbon 
(diamond and graphite), sulphur (rhombic and 
monoclinic) and phosphorus (red and white). 
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DS 
Equilibrium between a solid and liquid 

58.1 What happens when a liquid 
freezes? 

The particles in a liquid are held together by intermole- 
cular forces. It is the strength of these forces that pre- 
vents the liquid from changing completely into a gas. 
However, the particles have a spread of energies; some 
have much less energy than the average, some a lot 

A typical melting point apparatus. The sample (in a narrow 
glass tube) is placed in a slot in a heated metal block sur- 
rounding the thermometer bulb. 

340 Physical Chemistry 

more. It is the particles with more than the average 
energy that escape into the vapour. One result of the 
liquid losing these particles is that the average energy of 
those remaining in the liquid goes down. We feel this as 
a decrease in the temperature of a liquid when it 
evaporates. 

However, on average the particles in a liquid have 
sufficient energy to keep them jiggling about and 
prevent the intermolecular forces from making them 
stick together permanently. If the average energy of the 
particles goes down, then the intermolecular forces can 
win the battle; the particles are attracted strongly 
together, and we see crystals appear. 

The temperature at which a solid turns into a liquid is 
its melting point. More accurately we should say that 
the melting point is the temperature at which solid and 
liquid can exist in equilibrium with each other. Above 
the melting point, the solid will change completely into 
liquid. Below the melting point, liquid will change com- 
pletely into solid. 

——— ——— linennomerer 

<_—__—__44H44H4H4H4 Melting point 
tube 

Figure 58.1 A simple melting point apparatus. If the sample is 
pure, it should have a sharp melting point 
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Every pure substance has its own characteristic melt- 

ing point. This fact is often used in organic chemistry to 
identify a compound by measuring its melting point 
(Figure 58.1). 

58.2 Cooling curves 

The melting point of a solid can be found by taking the 
liquid and allowing it to cool. It is interesting to plot a 
graph of temperature against time in such an experi- 
ment (Figure 58.2). The resulting graph is known as a 
cooling curve (Figure 58.3). 

At first the temperature decreases steadily, then it 

To computer 

Insulated connecting wires 
Molten 
sample 

Thermistor 

Figure 58.2 A cooling curve can be measured directly with a 
mercury-in-glass thermometer. For the experimenter it is less 
time-consuming to use a thermistor and allow a computer to 
record the temperature at fixed time intervals (the thermistor 
has to be calibrated first) 

Temperature 
LC 

ee LIQUId; cooling 

Crystals being made 

oom am Supercooling 

<— Solid cooling 

Room 
temperature 

Time 

Figure 58.3 A cooling curve for naphthalene 
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remains constant, before finally decreasing again. When 
molecules in a liquid join together, the intermolecular 
forces are making bonds between them. Making bonds 
is an exothermic process and it is the heat given out 
when crystals are made that stops the temperature fall- 
ing. The heat released also has the effect of raising the 
temperature of the liquid. This prevents more crystals 
appearing until some of the heat is dissipated into the 
surroundings; then more crystals appear, giving out 
more heat. Eventually, all the liquid crystallises and the 
crystals cool to room temperature. Often there is a dip 
in the cooling curve just before the crystals appear. This 
dip in temperature is known as supercooling. It can hap- 
pen that the particles in the liquid fail to join up to make 
crystals; the liquid enters a metastable state. (You will 
find information about such states in Unit 57.) A meta- 
stable state is easily disturbed; for example by the liquid 
being shaken, or a speck of dust entering it. When the 
first few crystals are made, the energy released causes 
the temperature to rise rapidly to the normal melting 
point. 

58.3 Cooling curves for mixtures 

We know that the freezing point of a liquid is depressed 
if it contains another substance dissolved in it. For 
example, salt water will freeze below 0°C at atmo- 
spheric pressure. Similar depressions occur with other 
mixtures. One mixture that is very widely used in the 
electronics industry is solder. Solder is a mixture of tin 
and lead. (However, if you buy a reel of solder it will 
almost certainly contain a third substance: the flux. The 
flux helps to stop the two metals from oxidising when 
they get hot.) Pure lead melts at 328°C, and pure tin 
melts at 232°C. However, a mixture of the two melts at 
a lower temperature than either of them. Solder that 
contains about twice as much tin as lead, e.g. 10g tin 
and 5g lead, has a cooling curve like that in Figure 
58.4a. This cooling curve is exactly the same type as we 
would find for a pure substance. When the liquid 
crystallises, the solid made has exactly the same com- 
position as the original mixture. The mixture of 
(roughly) 64% tin and 36% lead is called the eutectic 
mixture. 

Mixtures that do not have the same composition as 
the eutectic have a cooling curve like that in Figure 
58.4b. The big difference is that the curve has a bend in 
it before the flat portion is reached. If we take a mixture 
containing 25% tin, the bend occurs at about 270°C. At 
this temperature, crystals begin to be made. The crystals 
are pure lead. As the crystals are made, some heat is 
given out, which makes the mixture cool more slowly. 
Because the solution loses lead, the liquid remaining 

_ becomes richer in tin. Eventually the liquid reaches the 
eutectic composition (64% tin), at which time the 
remaining liquid crystallises to give a solid with the 
eutectic composition. This gives the usual flat part on 
the cooling curve. The period during which the 
temperature stays constant while the eutectic crystal- 
lises is known as the eutectic halt. 
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(b) 
Temperature °C 
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Crystals of lead separate 
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crystals of lead separating 
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lead crystals 
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Time 

Figure 58.4 (a) Cooling curve for a mixture of (approximately) 

64% tin and 36% lead (by mass). This mixture behaves like a 

pure substance. It is the eutectic mixture. (b) Cooling curve 

for a mixture of 25% tin and 75% lead (by mass). At 270°C, 

lead crystals appear. More lead crystallises until, at 183°C, 

the eutectic mixture separates 

By changing the proportions of tin and lead, we can 
discover the temperature at which the bend in the cool- 
ing curve occurs for a wide range of mixtures. We can 
plot this temperature on a melting point—composition 
graph like that in Figure 58.5a. 

Sometimes a diagram like this has labels added to it. 
For example, Figure 58.5b shows that below the line to 
the left-hand side of the eutectic there will be solid lead 
in contact with liquid. In the similar region to the right 
of the eutectic there will be solid tin in contact with 
liquid. Below the eutectic temperature, 183°C, only 
solid is present. To the left of the eutectic the solid will 
consist of lead and eutectic; to the right of the eutectic 
the solid will contain tin and eutectic. Eutectics are not 
chemical compounds. If a eutectic is examined under a 

(a) 
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Figure 58.5 (a) Melting point-composition diagram for mix- 

tures of tin and lead. (b) Composition of the various regions on 

the tin-lead phase diagram. (This is a simplified diagram, 

which ignores many details of the complete diagram) 

microscope, separate small crystals of the components 

can be seen. Also, the composition of a eutectic rarely 

conforms to that expected for a compound. For exam- 

ple, the lead—tin eutectic has a ‘formula’ Pb, ;Sn2.g. The 

properties of eutectics are summarised in Table 58.1. 

Table 58.1. Properties of eutectics 

i eae EEE EES EEESSSEISSSSSNESE 

They have a sharp melting point like a pure substance 

They have a cooling curve like a pure substance 

They are not compounds 
a 

58.1. Look at the diagram in Figure 58.6. Sketch the 

cooling curves that you would expect to obtain if you 

were to use mixtures of composition A, B and C at the 

temperature shown. 

58.2 (i) Use the following information about mix- 

tures of cadmium and zinc to plot a melting point— 

composition diagram. 
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Zn/% 0 10 lis mace 30 40 

M.p./°C 321 295 270 280 305 325 

Zn/% 50 60 70 ©6680. SOa0g 

M.p./°C 345 360 375 390 405 419 
a 

(ii) Sketch the cooling curve that would be obtained if 



Temperature/°C Temperature’C a mixture containing 60% of zinc were cooled from 
450°C to room temperature. 

(iii) What would be left in the solid obtained at the end 
of the experiment? 

(iv) What would be present in a mixture that originally 
contained 40% zinc and which is kept at a 
temperature of 280°C? 

58.3 A student measured the melting point of a solid 
that she had made in a reaction, and found it to melt 
sharply at 122°C. She consulted a table of melting 
points and discovered that benzoic acid had a sharp 
melting point of 121.9°C. She said that, given the 
limits of accuracy of the melting point apparatus, it 
was certain that the solid was benzoic acid. Was the 
student justified in making this deduction? 

90 100% 

0% 

X 

Yi 58.4 The student in the last question was advised to 
use the ‘method of mixed melting points’. She mixed 
some of her sample with pure benzoic acid, and 

Figure 58.6 Melting point-composition diagram for a mixture determined the melting point. What is the principle 
of X and Y (see question 58.1) that lies behind the method? 

Answers 

58.1 The cooling curves are sketched in Figure 58.7. 58.3 The sharpness of the melting point suggests that 

the substance is pure. The only doubt is that it might be 
a eutectic mixture, which would also have a sharp melt- 

58.2 (i) (ii) The answers are shown in Figure 58.8. ing point. Given that the student made the substance, it 
is extremely unlikely that she would have hit upon a 
eutectic mixture. Her deduction is reasonable, assuming 
that no other compound had a similar melting point. 

(iv) It would contain solid zinc and a liquid containing the Actually, even if another compound were found to have 
remaining zinc and cadmium. this melting point, it is likely that it could be discounted 

(iii) The solid would contain solid zinc and eutectic con- 
taining 17% zinc. 

Temperature °C Temperature/°C Temperature °C 

: Time Time Time 

Mixture A Mixture B Mixture C 

Figure 58.7 Diagrams for answer to question 58.1 
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Answers — contd. 

Temperature °C Temperature /°C 

450 : 4 450 

Temperature/°C 

because it would not have been possible to make it in 
the reaction she had used. 

58.4 If the sample is benzoic acid, then the two sub- 

stances will melt at the same temperature. If it is not, 
they will melt below the melting point of benzoic acid. 
Many people do melting point tests using this method. 

Figure 58.8 Diagrams for answer to question 58.2. (a) Melting 
point-composition diagram for zinc-cadmium mixtures. (b) 
Cooling curve for mixture of 60% zinc and 40% cadmium 

UNIT 58 SUMMARY 

@ The cooling curve of a pure substance has three 
parts: 

(i) Cooling curve of the hot liquid. 
(ii) A plateau where crystals begin to be made 

and the temperature remains approximately 
constant. 

(iii) Cooling curve of the solid. 

e Supercooling may cause the temperature to drop 

below the normal melting point without crystals 

appearing. 
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® Cooling curves for mixtures usually show four parts: 
(i) Cooling curve of the hot liquid. 
(ii) A slowing of the rate of cooling as one of the 

components in the mixture crystallises. 
(iii) A plateau where the eutectic mixture begins 

to crystallise and the temperature remains 
approximately constant. 

(iv) Cooling curve of the solid. 
e@ The cooling curve for a eutectic mixture is like that 

of a pure solid. 



3 
Solubility of salts in water 

59.1 The solubility of a solid in 
water 

The solubility of a solid in water is usually given as the 
number of grams, or the number of moles, of the solid 
that will dissolve in 100g of water at a given temp- 
erature. Table 59.1 shows typical values of solubilities at 
io. C. 

Table 59.1. Solubilities of solids in water at 25°C 
‘ 

Substance Solubility/mol per Solubility/g per 
100 g water 100 g water 

NaCl 0.615 35.98 

NaBr 0.919 94.57 

Nal 12253 184.25 

MgSO, 188103} 22.01 
CaSO, 4.66X10? 0.63 
SrSO,4 Tale NOme 0.01 

BaSO, 9.431077 Q2 OF 

NaNO, 1.08 91.69 
Ba(NO), 3.91x10~ 10.22 

The solubilities of ionic crystals often, but not always, 
increase with temperature, as shown in Figure 59.1. 
The line for sodium sulphate in Figure 59.1 is odd 
because it has a kink in it at about 32°C. What is hap- 
pening is that sodium sulphate changes its nature at this 
temperature. Below 32.4°C sodium sulphate will exist 
as crystals containing water of crystallisation, 
Na,SO,:10H,O. Above 32.4°C the water of crystallisa- 
tion is lost, and the salt occurs as anhydrous crystals, 
Na,SO,. Therefore the solubility curve is made up of 
two parts: that below 32.4°C tells us the solubility of 
Na,SO,-10H,O; above 32.4°C we have the solubility 
curve for Na,SO,. 
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Figure 59.1 How the solubilities of some salts vary with 
temperature 

59.1 Your task in this question is to design a 
method of measuring the solubility of sodium chloride 
at room temperature. You will need to think about the 
definition of solubility, what equipment you will have 
to use, and the measurements you will need to make. 
Write down the main steps of the method you decide 
upon. You might find it helpful to discuss this question 
with another student and decide on a joint answer. 

59.2 Once you have done question 59.1, decide 
how you would change your method to measure the 
solubility of sodium chloride at 40°C. 
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59.2 Fractional crystallisation 

Marie Curie used fractional crystallisation to separate 
radium from pitchblende. The method that she used 
was to remove radium bromide from a solution con- 
taining a mixture of radium bromide and barium 
bromide. The work was extremely slow and laborious 
and depended on the different solubilities of the two 
salts in water. We can see how the method works in a 
simpler example, which you could carry out in a 
laboratory. 

If you heat potassium chlorate(v) very carefully, it 
changes into potassium chloride and potassium 
chlorate(vm): 

AKCIO,(s) > KCI(s) + 3KCIO,(s) 

(If you heat it too strongly, the chlorate(v) decomposes 
and oxygen is given off: 2KCIO;(s) > 2KCl(s) + 303(g).) 

The problem is to find a method of separating the 
potassium chloride from the potassium chlorate(vm). In 
Figure 59.2 you will see that, at temperatures below 
about 90° C, potassium chloride is more soluble in water 
than potassium chlorate(vm). We can make use of this 
fact by taking just enough warm water to dissolve the 
mixture of the two solids. If we then let the solution 
cool down to room _ temperature, potassium 
chlorate(vm) will crystallise out of the solution first 
because it is much less soluble than potassium chloride. 
Some of the chlorate(vm) is bound to be left in the 
solution, but none of the chloride should crystallise. 

If we wanted to separate even more of the 
chlorate(vm) from the solution that is left over, we 
should allow the solution to evaporate to dryness, and 
then add just the minimum amount of hot water to 
dissolve all the solid. On cooling to room temperature, 
again the chlorate(vul) should crystallise out first. This 
will leave a solution that contains even less of the 
chlorate(vu) than before. If necessary we could repeat 
the whole process in order to leave even less of the 
chlorate(vi) behind. You might like to try question 
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Figure 59.2 How the solubilities of potassium chloride and 
potassium chlorate (v) change with temperature 
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59.3, which will show you how to make an accurate 
prediction of the success of a series of fractional 

crystallisations. 

59.3 This question is designed to show you how to 
calculate the way to carry out a fractional crystallisa- 
tion. You will need the information in Table 59.2. 

Table 59.2. Solubility data for potassium 
chloride and potassium chlorate(vm) 

Solubility/g per 100 g water 

At 2531G At 50°C 

Potassium chloride 

Potassium chlorate(vm) 

Let us suppose that we heated 8g of potassium 
chlorate(v). We should end up with a mixture of 1.1g 
of potassium chloride and 6.99 of potassium 
chlorate(vil). 

(i) How much water at 50°C would be needed to 
dissolve 6.9 g of potassium chlorate(vil)? Round your 
answer up to the next whole number. Why round up 
the answer? 

(ii) If this mass of water were actually used, and 
cooled to 25°C, what is the maximum mass of pot- 
assium chlorate(vil) and of potassium chloride that it 
could contain? 

(iii) Does any of the potassium chloride crystallise 
out? 

(iv) What mass of potassium chlorate(vil) would be 
left as crystals? 

(v) What is the percentage of the potassium 
chlorate(vil) that is left mixed in with the potassium 
chloride in the solution that remains? 

(vi) Is there a better way of doing this experiment that 
would allow you to use a much smaller volume of 
water, and therefore improve the separation? 

59.3 Crystals that contain water of 
crystallisation 

When a salt has water of crystallisation we say that it 
has a hydrate. A solution has its own vapour pressure 
owing to the water molecules leaving the surface of the 
solution and escaping into the air. Hydrates have a 
vapour pressure owing to some of the water molecules 
leaving the crystal and escaping into the atmosphere. 
For many hydrates under normal conditions, there is 
sufficient moisture in the atmosphere to give rise to an 
equilibrium in which the numbers of water molecules | 
leaving the hydrate are (on average) balanced by those 



leaving the atmosphere and joining the crystal. These 
crystals can remain unchanged in the laboratory for 
many years. 

However, some hydrates have particularly high 
vapour pressures. These crystals give off their water of 
crystallisation to a greater or lesser extent, and thereby 
change their formula. A common example is sodium 
carbonate decahydrate, Na,CO;:10H,O, which you will 
find sold in shops as washing soda crystals. If you look 
at washing soda crystals you may see that they are 
translucent inside but covered in a white powder. The 
white powder is the monohydrate, Na,CO,-H,O, which 
is produced because of the change 

Na,CO,-10H,0(s) > Na,CO,'H,O(s) + 9H,0(g) 

which takes place at room temperature. Hydrates like 
this, which give off all or some of their water of crystal- 
lisation, are said to effloresce. 

The opposite behaviour to efflorescence is 
deliquescence. Crystals that deliquesce have a vapour 
pressure lower than that of the water vapour in the 
atmosphere. An example is calcium chloride, which is 
often used as a drying agent. If anhydrous calcium 
chloride, CaCl,, is left on a watch glass in a laboratory, it 
will turn first into CaCl,-2H,O, then into CaCl,-4H,O, 
followed by CaCl,-6H,O, and eventually into a pool of 
liquid, which is a solution of the salt. Some common 
hydrates are given in Table 59.3. 

Table 59.3. Common hydrates and their 
behaviour 

Hydrate Efflorescence? Deliquescence? 

CuSO7-5H,0 No No 

Na,SO,:10H,O Yes 

Na,CO;-10H,O Yes 

FeCl, -6H,O Yes 
CaCl,:6H;,0 Yes 
Cu(NO;3),°9H,O Yes 

59.4 Figure 59.3 shows the results of measuring the 
solubility of calcium chloride over a range of 
temperatures. Suggest a reason for the shape of the 
curve. 

59.5 A student knew that it was possible to make 
copper(il) sulphate crystals by (i) adding copper(t!) 
carbonate to dilute sulphuric acid and (ii) warming the 
resulting solution to drive off some of the water, and 
then leaving the solution to crystallise. He decided to 
make copper(I) nitrate crystals by a similar method. 
The only change he made was to use dilute nitric 
acid. He left the final solution for several days, but he 
See to collect any crystals. Suggest a reason for his 
ailure. 
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Figure 59.3 The variation of solubility with temperature 
for calcium chloride (see question 59.4) 

59.4 Saturated and supersaturated 
solutions 

A solution that contains the maximum amount of a 
solid dissolved in it at a given temperature is saturated. If 
we are to measure the solubility of a solid, then the 
solution must be saturated. A solution will be saturated 
if it remains in equilibrium with the solid dissolved in it. 
For example, if we took a beaker of water and added 
copper(II) sulphate to it until there was a little pile of 
undissolved crystals on the bottom of the beaker, then 
the solution would be saturated. In practice we have to 
be rather more careful than this because it may take 
some time for a solid to dissolve to its maximum 
amount. For example, it would be wise to leave the 
solution for several hours in order to be sure that true 
equilibrium had been achieved. 

A supersaturated solution contains more solid dis- 
solved in it than could exist if the solution were in 
contact with the solid. It is fairly easy to make some 
supersaturated solutions. If you take crystals of sodium 
thiosulphate, Na,S$,0,5H,O, and warm them in a clean 
test tube, you will find that they appear to melt. Actu- 
ally they give off their water of crystallisation and the 
sodium and thiosulphate ions dissolve in this water. If 
the test tube is handled carefully, the solution in the 

_ tube will remain even when it cools back to room 
temperature. If a small crystal of sodium thiosulphate is 
added to the cool tube it immediately starts to crystallise 
(and, incidentally, gives out a lot of heat in the process). 
The solution was supersaturated; it could not exist in 
contact with the solid from which it was made. 

Often supersaturated solutions will crystallise if they 
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are shaken or if dust gets into them. The dust can give a 
site for the ions or molecules in the solution to gather 
around. This is a process called nucleation. Sometimes 
solutions can be induced to crystallise by scratching 
with a spatula or glass rod the inside of the tube or flask 
in which they are held. This may produce nucleation 

Answers 

59.1 You would have to take account of the following 
points: 

(i) 100g of water would have to be weighed out 
accurately into a flask. 

(ii) To keep the flask at a constant temperature, it would 
have to be placed in a thermostated bath of water. 

(iii) Salt would be added to the solution until no more 
would dissolve, i.e. some salt should be left in the flask 
in contact with the solution. This ensures that the solu- 
tion is saturated (See section 59.4). 

(iv) A measured volume of the solution should be with- 
drawn from the flask, e.g. using a pipette, but making 
sure that no solid was sucked out with the solution. 

(v) The sample removed should be analysed. There are 
two ways of doing this. Either you could perform a silver 
nitrate titration to discover the number of moles of 
chloride ion present (and hence the number of moles, 
and mass, of sodium chloride); or you could carefully 
evaporate the solution and weigh the sodium chloride 
left. 

(vi) Finally you would scale up the result of your 
analysis to give the mass of salt in the original 100g of 
water. 

59.2 Use a different temperature in the thermostat 
bath, but take care to prevent evaporation of the water in 
the flask. Another danger that can occur with some 
solids is that if, say, a cold pipette were used to withdraw 
a sample, the sudden cooling might cause crystallisation 
in the pipette. 

59.3 (i) 100g x 6.9g9/18g =38.33g, which rounds up 

sites on the glass, or the vibrations produced may 
agitate the solution and induce crystallisation. 

A novel case of nucleation in a different context is 
where clouds are seeded with tiny crystals of silver 
iodide. The crystals act as nucleation sites for water 
molecules, which gather together and make raindrops. 

to 39g. If you use slightly more than 38.33g you are 
sure of dissolving all the potassium chlorate(vi!). Also, 
you could be excused for finding it easier to measure out 
a volume of 39cm® using a burette. (We can ignore the 
change in density of water when it is heated.) 

(ii) 39g of water can contain 8.6g x 39g/100g=3.35 g 
of potassium chlorate(vil). It can contain 35.8g 
x 39 g/100 g = 13.96 g of potassium chloride. 

(iii) No. The solution could contain almost 14g, and it 
actually contains only 1.1g. 

(iv) 6.9g—3.35g =3.55g would be left. 

(v) 3.55 g/6.9g x 100% = 51.45% 

(vi) Another approach uses the following idea. Instead 
of dissolving both salts, why not just dissolve the potass- 
ium chloride, and leave the potassium chlorate(vil) 
behind? In this case we need use only the volume of 
water that would dissolve the 1.1 g of potassium chloride 
at 25°C. This volume is 100g x 1.1 g/35.8g=3.07g of 
water. We might try using 5g to be on the safe side, 
warm it and stir the mixture in with it. The potassium 
chloride will dissolve and the majority of the chlorate(vi!) 
will be left undissolved. In fact, 5g of water would con- 
tain 8.6g x 5g/100g=0.43g of potassium chlorate(vil) 
at 25°C. This represents a separation of 6.47g/ 
6.9g xX 100% = 93.8%. Much better! 

59.4 The three parts of the curve correspond to the 
three different hydrates of calcium chloride: CaCl,-6H,O 
(first part), CaCl.-4H,O (middle part) and CaCl,-2H,O0 
(last part). 

59.5 Copper(ii) nitrate is deliquescent, so crystals will 
not appear under normal conditions in the laboratory. 

UNIT 59 SUMMARY 

@ The solubility of a solid in water is usually given as 
the number of grams, or the number of moles, of 
the solid that will dissolve in 100g of water at a 
given temperature. 

@ Fractional crystallisation: 
Dissolve a mixture of two substances in the 
minimum volume of a warm solvent that will 
dissolve both substances. Allow to cool. The 
substance with the lower solubility will crystallise 
first, leaving the other substance dissolved in the 
solvent. 

@ Crystals that contain water of crystallisation: 
A salt that has water of crystallisation has a 
hydrate. 
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e@ Hydrates that have particularly high vapour 
pressures effloresce, i.e. lose their water of 
crystallisation to the atmosphere, e.g. 
Na,CO,-10H,0. 

e@ Hydrates with particularly low vapour pressures 
deliquesce, i.e. absorb moisture from the atmo- 
sphere, e.9. CaCl. 

e A saturated solution contains the maximum amount 
of a solid dissolved in it at a given temperature. 

@ A supersaturated solution contains more solid 
dissolved in it than could exist if the solution were 
in equilibrium with the solid. 



60 
Explaining solubilities 

60.1 Why is water a good solvent 
for ionic crystals? 

There are two reasons why water is a good solvent for 
ionic crystals. The first is that: 

Water is a good insulator. 

If water molecules come between ions at the edge of a 
crystal, it weakens the attraction between them. This 
helps them to float away from the crystal. Also, when 
the ions are in water, they are surrounded by a layer of 
water molecules. The layer insulates the ions from one 
another and prevents them joining together into a 
crystal again. 

Other liquids can act as insulators as well. We can 
compare how effective they are by looking up values of 
their relative permittivity. (Another name for relative 
permittivity is dielectric constant.) You will find some 
values in Table 60.1. The higher the value, the better 
the insulator. 

Table 60.1. The relative permittivities of some 
liquids 

Liquid Formula Relative permittivity * 

Water H,O 80.1 

Ethanol C,H,OH 25:7 
Ethanoic acid CH;COOH 6.2 
Benzene CsH, 2S. 

Tetrachloromethane Gels 253 

*Relative permittivity has no units 

The second reason why water is a good solvent is 
that: 

ae molecale. with $ lave end 
that. can attract negative ions and a organs 

| end that can attract positive ions. 

It is the ability of water to gather round both negative 
and positive ions that makes it such a good solvent for 
ionic crystals. The layer of water molecules that sur- 
rounds the ions is called the hydration sphere. 
When sodium chloride is put into water, the ions on 

the outside of the crystal feel two competing influences 
(Figure 60.1): 

(i) the attractions of the oppositely charged ions in 
the crystal, which tend to stop the outside ions 
escaping; and 

(ii) the attractions between the surrounding water 
molecules and the outer ions, which tend to pull 
the ions off the crystal. 

One measure of the attractions between the ions in 

the crystal is the Jattice energy, AH,,. In Unit 46 we 
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Figure 60.1 Water molecules can attract ions on the outside of 
a crystal into the bulk of the surrounding water. The hydration 
spheres surrounding the ions also serve as a layer of insula- 
tion that helps to stop the ions joining together again 
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Eneroy Na‘(g) + Cl'@) 
/kJ mol 

Hydration energies of 
Lattice energy | the ions 

Na‘ (aq) + Cl (aq) 

Heat of solution NaCl(s) 

Figure 60.2 There is an endothermic heat change when 
sodium chloride dissolves in water. One way of explaining this 
is to compare the lattice energy with the hydration energies of 

the ions 

defined the lattice energy to be the enthalpy change 
when one mole of the crystal is made from its com- 
ponent ions in the gaseous state. It is important to 
notice that the lattice energy refers to separate ions in a 
gas, not in a solution. A measure of how strongly ions 
are attracted by water molecules is the hydration energy, 
AH,, (Figure 60.2). Approximately, it is the enthalpy 
change when one mole of an ion in the gaseous state 
dissolves in water. (You will find the precise definition 
in Unit 47.) The energy change when one mole of 
sodium chloride dissolves in water is AH,,,. You can see 
from Figure 60.2 that 

AH, + AHip = AH, sol 

Or 

Ad. sol 

The hydration’ energies of the ions and the lattice 
energy are exothermic changes, so they have negative 
signs. If AH,, is more negative than AH,,, then AH,,, will 
be negative and the crystal should _ dissolve 
exothermically. 

For sodium chloride, we have 

AH, = —781 kJ mol 

and 

AH, = AH,(Na*) + AH, (CI) 
= —390kJ mol”! —384kJ mol! 

=—774kJ mol! 

sO 

AH Ss 
= as mol —(— 78 Ekoemoles) 

= +7kJ mol"! 

This result tells us that sodium chloride dissolves endo- 
thermically in water. This is a common result; a great 
many ionic crystals dissolve endothermically. You can 
verify this for yourself. Take the temperature of a test 
tube of water and then tip sodium hydrogencarbonate 
or potassium nitrate into it. You will find the 
temperature goes down. 

The difficulty this leaves us in is that it appears that 
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ionic crystals dissolve even though it is energetically 
unfavourable. This. is. where we S4ufato 
thermodynamics for the explanation. 

60.2. Entropy changes are important 
when a crystal dissolves 

If we want to decide whether a chemical change will 
take place, we have to find out the sign of the free 
energy change, AG. If AG is negative, then the change | 
should be spontaneous (but remember that this does 
not tell us how fast the change will take place). In Unit 
50 we discovered that 

AG= AH-— TAS 

where AS is the entropy change. Even though AH may 
be positive, it is still possible for AG to be negative if the 
entropy change is large. When crystals dissolve endo- 
thermically, it is the entropy change that is responsible 
for the change taking place (Figure 60.3). The increase 
in entropy occurs because there is a greater spread of 
the ions and molecules among the available energy 
levels, ice. the number of complexions increases (see 
Unit 49). 

However, we should be careful about oversimplifying 
where entropy changes are concerned. When an ion 
leaves a crystal lattice it becomes surrounded by a 
hydration sphere. The water molecules in the sphere 
are less free to move than they were in the bulk of the 

If we concentrate on the particles in the 
solid, there is an increase in entropy 

On the other hand, as many of the water 
molecules gather around the ions making the 
hydration spheres, there is a decrease in 
entropy 

Figure 60.3 Two contributions to the entropy change when a 
solid dissolves in water. (We have not taken account of 
entropy changes associated with energy absorbed or 
released in the process) 



water. Indeed, for a small, highly charged ion the 
hydration sphere may consist of several layers of water 
molecules. For this reason there may be a reduction in 
the translational and rotational energy levels open to 
these water molecules, and a corresponding decrease in 
entropy. Thus, whether there is an overall increase or 
decrease in entropy will depend (at least) on the follow- 
ing factors: 

(i) change in the number of complexions in the 
crystal when ions leave; 

(ii) change in the number of complexions open to 
individual ions owing to their release into the 
liquid; and 

(iii) change in the number of complexions owing to 
the formation of hydration spheres. 

Calculating the precise change in the total number of 
complexions is a fearsome task; fortunately we do not 
have to attempt it. 

60.3 The sizes of the ions in a 
crystal are important in explaining 
solubilities 

When a crystal is made of small highly charged ions, the 
lattice energy is usually very high, and it is rare for the 
enthalpy of solution to be strongly negative. The hydra- 
tion energies of the ions are not large enough to over- 
come the lattice energy, so the substance is either 
insoluble or only very slightly soluble. We can say that 
the heat of solution would be such a large positive 
number that, even if the entropy change were positive, 
the free energy change would remain _ positive 
(AG=AH— TAS), so the crystal would not dissolve. 
Table 60.2 contains a summary of factors influencing 
the solubility of ionic crystals. 
We can see the importance of ionic size at work if we 

compare the solubilities of nitrates and chlorides. The 
general rule is that, even if the chloride is insoluble, the 
nitrate will be soluble. Indeed, there is a rule in chemis- 
try that says ‘all nitrates are soluble’. The main reason is 

Table 60.2. Summary of factors influencing solu- 
bilities of ionic crystals 

Factor Implication 

Ions held together very strongly 
Crystal likely to be insoluble 

Lattice energy large 

Ions held together weakly 
Crystal likely to be soluble 

Lattice energy likely to be small 
Entropy change likely to be positive 
AG,,; Will be negative 

Crystal should be soluble 

Lattice energy likely to be large 
Entropy change likely to be negative 
AG, Will be positive 
Crystal should be insoluble 

Lattice energy small 

Ions large and/or 
small charge 

Ions small and/or 

high charge 

that the nitrate ion is larger than the chloride ion. This 
has two effects. First, the lattice energy of a metal 
nitrate is usually smaller than that of the metal chloride. 
(You might like to think of this as the result of the 
positive and negative ions being further apart, so the 
attraction between them is reduced — see Unit 46.) This 
suggests that the lattice of the nitrate should be easier to 
break apart. Secondly, the larger size of the nitrate ion 
means that the decrease in entropy of the water around 
it is less than it is around the smaller chloride ion. 
(Fewer water molecules would be held in the hydration 
sphere.) Both these effects work together to make it 
more likely that the nitrate will dissolve. An extreme 
example is the great insolubility of silver chloride, and 
the great solubility of silver nitrate. However, the 
nature of the bonding in silver chloride is a complicat- 
ing factor here (see Unit 46). 

60.4 Why is water a good solvent 
for many covalent substances? 

It is not only ionic substances that dissolve in water. 
Many covalent substances dissolve also. However, usu- 
ally they are of two types. 

One type reacts with water rather than dissolves in it. 
Such a reaction is called a hydrolysis reaction. Hydro- 
gen chloride undergoes hydrolysis: 

HCl(g) + H,O(1) > H,O* (aq) + Cl (aq) 

The second type are usually polar and able to hydro- 
gen bond to water molecules. Organic compounds that 
dissolve in water are often like this. Typical examples 
are glucose molecules, C,H,,0O,, which have highly 
electronegative oxygen atoms in them (Figure 60.4). 
The hydrogen atoms attached to the oxygen atoms 
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Figure 60.4 There are many ways in which a glucose mol- 
ecule can make hydrogen bonds with water molecules 
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carry slightly positive charges, just as they do in water 
molecules. 

If covalent molecules are not polar, they are insoluble 
in water. For example naphthalene, C, H3, is a white 
solid that is completely insoluble in water. 

60.5 Covalent liquids often dissolve 
covalent solids 

There is a saying in chemistry that ‘like dissolves like’. 
Generally this means that an organic liquid will dissolve 
an organic solid and an inorganic liquid will dissolve an 
inorganic solid. The most common inorganic liquid is 
water, and inorganic solids are often ionic. If you have 
read the preceding sections, you should be able to 
explain how the saying applies to inorganic substances. 
Now we shall try to explain why, for example, the 
organic solid naphthalene will not dissolve in water, 
even though it will dissolve in the organic liquid 
benzene. 

Naphthalene is not polar, so the molecules in the 
crystal are held together by van der Waals forces (Figure 
60.5). These forces are also responsible for holding 
benzene molecules together. Van der Waals forces are 
relatively weak, so it does not require a great deal of 
energy to move one naphthalene molecule apart from 
another. Essentially, when naphthalene dissolves in 
benzene, van der Waals forces in the crystal are swap- 
ped for van der Waals forces in the solution. We should 
expect only a small enthalpy change in such a case; 
which is what happens. It is rare to find a large enthalpy 
of solution for an organic solid dissolving in an organic 
liquid. On the other hand, the entropy change when 
the solid dissolves should be positive, just as it is for an 
ionic solid dissolving in water. Indeed, it is the entropy 
change that drives the process along. 

60.6 Volume changes when solids 
dissolve 

If you were to measure accurately the volume of water 
before and after an ionic solid has dissolved in it, you 
would often find that the volume decreases slightly. 
This is due to the water molecules clinging tightly to the 
ions as they float away from the crystals. The effective 
volume of water molecules in hydration spheres is less 
than water molecules free to roam through the solu- 
tion. However, it is not always the case that the volume 
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Figure 60.5 Naphthalene will dissolve in benzene 

decreases. For example, crystals that contain water of 
crystallisation, e.g. CuSO,°5H,O, release water mol- 
ecules. In the case of these crystals, 1 mol of the solid 
would release 5 mol of water, i.e. 90 cm’. 

60.1 Why might you expect ethanol to dissolve ionic 
solids; but why is it not as good a solvent as water? 

60.2 Calculate the enthalpy change AH,,, when 
1 mol of sodium iodide, Nal, dissolves in water. You 
will need the following information: 

Lattice energy of Nal =—699kJ mol”! 

By Physical Chemistry 

Hydration energy of Na* = —400kJ mol! 
Hydration energy of |] =—310kJ mol"! 

(Hint: you may find it useful to draw an enthalpy 
diagram.) 

60.3 Suggest a reason why sodium iodide is more 
soluble in water than sodium chloride. 



60.4 The solubilities of the sulphates of Group Il 
metals (Mg, Ca, Sr, Ba) decrease going down the 
Group. (You will find the solubilities in Table 59.1.) 

(i) Does the ionic radius of the metal ion increase or 
decrease going down the Group. 

(ii) What effect does the change in ionic radius have 
on the lattice energy of the sulphates, and the hydra- 
tion energy of the ions? 

(iii) Which effect is the more important in explaining 
the trend in solubilities? 

60.5 Here are lattice energies, in kJ mol~', of two 

Answers 

60.1 Ethanol is a polar molecule, with a partially 
negatively charged oxygen attached to a partially 
positively charged hydrogen. Ethanol molecules can 
gather round positive and negative ions like water mol- 
ecules can. They can solvate ions, and form solvation 
spheres. (We speak of hydration spheres only if the 
solvent is water.) However, the relative permittivity of 

ethanol is much lower than that of water; ethanol is not 

such a good insulator. Therefore ions in ethanol find it 
easier to combine together and make a crystal than they 
do in water. 

60.2 The diagram is drawn in Figure 60.6. This gives 

AHgo: = (—400 kJ mol’ —310kJ mol’) 
— (—699 kJ mol") 

=-11kJ mol"! 

Energy Na*(g) + | (g) 
/kJ mol | 

—400 + (—310) 
= -710 

Nal(s) 

—11 
Na*(aq) + | (aq) 

Figure 60.6 Enthalpy diagram for sodium iodide dissolving 

in water 

60.3 The lattice energy of sodium chloride is greater 
than that of sodium iodide by about 82kJ mol’. Your 
answer to question 60.2 should show you that this 
has the effect of making AH,,, exothermic. This helps 
to make AG,,, negative, even without taking entropy 
changes into account. (The solubility of sodium chloride 
relies on entropy changes to make AG negative.) 

60.4 (i) The ionic radius increases down the Group. 
(The ionic radius of Ba?* is about twice that of Mg?*.) 

~ CH,COOH Covalent 

chlorides and two oxides: MgCl,, 2489; MgO, 3933; 
CaCl,, 2197; CaO, 3523. 

(i) Which of each pair would you expect to be the 
most soluble? 

(ii) Suggest a reason why many metal oxides are 
insoluble in water. 

60.6 Predict whether the following substances 
would be soluble in water, or in benzene (or in both, 
or in neither) — you may need to refer back to the units 
on bonding to help you make up your mind: carbon 
dioxide; aluminium trichloride; iodine; silica; ethanoic 
acid (CH,COOH). 

(ii) As the size of the ions increases, the lattice energies 
of the crystals decrease going down the Group; this 
should favour an increase in solubility. The hydration 
energy of a large ion is less than that of a small ion. Thus 
the hydration energies decrease down the Group. 

(iii) We know that high solubility is favoured by a small 
lattice energy and a high hydration energy of the ions. In 
this case even though the lattice is becoming smaller, 

the hydration energy of the metal ions becomes even 
smaller. For example, the hydration energies of Ba** 
and of SO,2~ are too small to overcome the lattice 
energy of BaSO,, even though the lattice energy of 
BaSO, is considerably smaller than that of MgSQ,. 

60.5 (i) The chlorides are the more soluble in both 
pairs. 

(ii) The oxide ion is small (its radius is 146.pm), and it 
has a double negative charge. Both factors lead to large 
lattice energies of metal oxides, and therefore to 

insolubility. 

60.6 The results are summarised below: 

Soluble in 

Substance Nature Benzene Water Comment 

Reacts with 
water 

Dimers in 

benzene 

Reacts with 
water 

CO, Covalent No Yes 

Covalent Yes 

Covalent 

Giant 
structure 

Dimers in 

benzene 
Dissociates 
into ions in 
water 
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UNIT 60 SUMMARY 

e Water is a good solvent for many covalent 
substances containing highly electronegative 
elements owing to its ability to make hydrogen 
bonds. 

@ Water is a good solvent for ionic crystals because: 

354 

(i) It is a good insulator, so it reduces attractions 
between ions. 

(ii) It is a polar molecule with a positive end that 
can attract negative ions, and a negative end 
that can attract positive ions. 

Physical Chemistry 

@ The hydration sphere is the layer of water molecules 
that surround ions in water. 

e Trends in solubilities can be explained by taking 
account of: 
(i) The sizes of the ions in a crystal. 
(ii) Entropy changes when a crystal dissolves. 

e In general, a substance with a very high lattice 
energy will be insoluble in water. 

‘ 



61 
Mixtures of liquids 

61.1 What is the difference between 

miscible and immiscible liquids? 

Miscible liquids mix in any proportion. 

Immiscible liquids do not mix completely; 
rather, they make two separate layers 

Miscible liquids usually are very similar in their chemi- 
cal structures. For example, ethanol and water are com- 
pletely miscible. Their molecules are both polar and 
contain OH groups that give rise to hydrogen bonding 
among them. To some extent ethanol and water mole- 
cules can mix together without difficulty because of 
their ability to hydrogen bond with each other. Immis- 
cible liquids have quite different chemical structures. 
Petrol, which is a mixture of hydrocarbons, is immis- 
cible with water. Hydrocarbon molecules are not polar 
and are held together by van der Waals forces. They 
cannot hydrogen bond to water molecules. 

There is a range of liquids that are partially miscible. 
Ethoxyethane (ether) and water are partially miscible. 
Ethoxyethane will dissolve only about 1% of its weight 
of water; water will dissolve about 6% of ethoxyethane. 
If you mixed them in proportions greater than these 
you would find that they separated into two layers. 

61.2 Raoult’s law and ideal 

solutions 

We tend to think of solutions made by mixing liquids as 
quite different to solutions made by dissolving a solid in 
a liquid. However, these two ways of making solutions 
are quite similar. For example, if we have a little 
ethanol in a lot of water, we can regard ethanol as the 
solute, in much the same way as we would describe 
sugar dissolved in water as the solute. We shall discover 
in Unit 65 that, when a solid solute dissolves in a 
solvent, it changes the vapour pressure of the solvent. 
There is a similar effect when one liquid dissolves in 

another (i.e. mix together). However, there is a major 
difference: a solid solute is usually involatile, while a 
liquid solute is volatile. For example, if we were to 
analyse the vapour above a sugar solution, we would 
find only water vapour, whereas the vapour above a 
mixture of ethanol and water always contains both 

water and ethanol. 
Raoult’s law says that: 

The vapour pressure of a solvent in a solution 
is equal to the vapour pressure of the pure 
solvent multiplied by its mole fraction in the 
solution. 

It so happens that for some mixtures of liquid, Raoult’s 
law can be applied separately to each liquid. Suppose 
we have a mixture of two liquids, A and B. Then 
Raoult’s law says that 

Pra=NaX Pa 

Pa= Na XPp 

where N,, Nz are the mole fractions, p4, p% are the 
vapour pressures of the pure liquids, and p,, pg are the 
vapour pressures above the mixture. 

It can be useful to realise that the total vapour press- 
ure above the mixture is 

Pr=Pat Pp 

and that 

N,+N,z= 1 

There are few liquids that obey Raoult’s law no mat- 
ter the proportions in which they are mixed. Those 
mixtures which do obey the law are called ideal solu- 
tions. One mixture that is ideal is made from hexane and 
heptane. The vapour pressures of the two pure liquids 
are 16093 Pa and 4655 Pa respectively. It is a simple 
matter to calculate their vapour pressures above a mix- 
ture as the mole fraction of each changes from 0 to 1. A 
graph of the results is shown in Figure 61.1. 
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Vapour pressure/kPa Vapour pressure/kPa 

16.093 = Vapour pressure 
of pure hexane 

4.655 
= Vapour 
pressure of a -— 
pure heptane 

T T T T eI 
0 01 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0.9 1.0 

100% Mole fraction of hexane 100% 

heptane hexane 

Figure 61.1 The vapour pressure—composition diagram for a 
mixture of hexane and heptane. This is the type of diagram we 
expect for an ideal mixture. The figures refer to a constant 
temperature of 25° C 

(a) 

Vapour Positive deviation 
pressure 

100% 

Vapour Negative deviation 
pressure 

100% 100% 

A B 

61.3 Solutions that do not obey 
Raoult’s law 

The majority of liquid mixtures do not obey Raoult’s 
law. These mixtures are said to show deviations from 
ideality. There are two types of deviation, and you can 
spot them on a vapour pressure diagram fairly easily. 
Instead of straight lines on the diagram you will find 
curves. In one type of deviation, the total vapour press- 
ure curve dips downwards; in the other type the curve 
loops upwards. The first type is called a negative deviation 
from Raoult’s law; the second is a positive deviation from 
Raoult’s law. In fact there are two varieties of each 
deviation. It is possible for the negative deviation curve 
to slope gently from one side to the other, or to go 
through a definite minimum. Similarly, a positive devi- 
ation may or may not have a maximum in the vapour 

(b) 

Positive deviation 
with a maximum 

Vapour 
pressure 

100% 100% 

(d) 

Negative deviation 
with a minimum 

Vapour 
pressure 

100% 100% 

A B 

Figure 61.2 The four types of deviation from Raoult’s law. Each graph corresponds to readings taken at a constant temperature. 
Beside diagram (a) is a magnified view of the lines near one of the axes. This shows that the solution containing nearly 100% B 
and a very little A gives a straight line that obeys Raoult’s law. Similar diagrams could be drawn for the other cases 
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Table 61.1. Liquid mixtures and Raoult’s law 

Mixture Behaviour 

Hexane/heptane Ideal 
Benzene/methylbenzene Ideal 

Methanol/water Negative deviation 
Negative deviation, with a 
minimum 

Trichloromethane/propanone 

Positive deviation, with a 

maximum 

Ethanol/water 

pressure curve. The four types are shown in Figure 61.2 
and some examples are given in Table 61.1. . 

If you look carefully at the diagrams you will see that 
the vapour pressure curves become nearly straight lines 
when the liquids contain a large amount of one liquid 
and very little of the other, i.e. when the mixtures can 
be regarded as dilute solutions. When the solutions are 
very dilute they obey Raoult’s law. 

You will find it is sometimes helpful to show two lines 
on a vapour pressure diagram. One of the lines shows 
how the vapour pressure changes with the composition 
of the liquid mixture. This is the line we have already 
drawn on the diagrams. The second line shows how the 
composition of the vapour changes. The two lines are 
different because the vapour is always richer in the more 
volatile component. That is, the composition of the vapour 
is usually different to that of the solution from which it 
came. Figure 61.3 shows you typical shapes of the two 
lines for non-ideal mixtures. 

The diagrams tell us the composition of the liquid and 
vapour that are in equilibrium with each other at a 
particular vapour pressure. For example, in Figure 
61.3a, at a vapour pressure p, the liquid has composi- 
tion D and the vapour has composition C. If you look at 
the composition scale you can see that, as we would 
expect, the vapour has a greater proportion of the liquid 
with the higher vapour pressure. 

61.4 Why are there deviations from 
Raoult’s law? 

First, let us understand why a mixture of hexane and 
heptane makes an ideal solution. You should be able to 
see that the more hexane (or heptane) molecules there 
are in the mixture, the more likely it is that molecules of 
hexane (or heptane) will escape into the vapour. There- 
fore we would expect the vapour pressure of hexane (or 
heptane) to increase as its mole fraction increases. This 
is what Raoult’s law claims for an ideal solution. 
However, this line of argument only works because: 

forces between hexane molecules 
=forces between heptane molecules 
=forces between hexane and heptane molecules 
=van der Waals forces 

This means that if you were a hexane molecule it mat- 
ters little whether you are surrounded by other hexane 

molecules or by heptane molecules: the forces holding 
you in the liquid are approximately the same, with 
respect to both their type and their strength. 
Now compare this with the behaviour of tri- 

chloromethane and propanone molecules when they 
are mixed. Both types of molecule are polar, but they 
have very different structures. It is the attractions 
between the dipoles on neighbouring molecules that 
hold them together in the pure liquids. Now consider 
What happens if the liquids are mixed. A 
trichloromethane molecule can bond to a neighbouring 
propanone molecule. If you were a trichloromethane 
molecule near to a propanone molecule, you would 
experience a different force holding you in the liquid 
than that in pure trichloromethane. It is the strength of 
this force that reduces the vapour pressure below the 
ideal value. 

You should be able to convince yourself that, in mix- 
tures that show a positive deviation from Raoult’s law, 
the forces that hold the two different types of molecule 
together in the mixture are weaker than those in the 
two pure liquids. 

61.5 Why do some liquids mix and 
others not? 

In order to understand this section you should first have 
read Units 49 and 50. There you will find that entropy 
will increase when two different gases mix. Likewise, 
when two different liquids mix, there is an increase in 
entropy. That is, the entropy of mixing is always posi- 
tive. We can write the changes taking place on mixing 
as 

Is Cees cad ae aes =; TASnix 

A negative free energy change, AG,,,, guarantees that 
two liquids will mix. 
When ideal liquids mix, the enthalpy change is zero 

(or very nearly so). In this case the reason why they 
mix is solely a result of the positive entropy of mixing. 
(The situation is extremely similar to the mixing of ideal 
gases.) 

Some liquids mix exothermically. For them, the 
enthalpy change and the entropy of mixing are working 
together to make AG,,,, strongly negative. 

The problems come when the molecules of two dif- 
ferent liquids give an endothermic change when they 
are put together. If AH,,;, is only slightly positive, then 
AH mix — TAS mix can still be negative, owing to the posi- 
tive value of AS,,;,. However, if the enthalpy change is 
very endothermic, AH,,;, can be a large positive num- 
ber, which makes AH,,;, — TASix Positive. In this case 
the liquids will be immiscible. 

To add a further complication, some liquids are only 
partially miscible. For them, the enthalpy and entropy 
changes combine to make AG,,;, negative if only a small 
amount of one liquid mixes with the other. For exam- 
ple, around room temperature, a little phenol will dis- 
solve in a lot of water, and a little water will dissolve in 
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(a) 
Positive deviation Vapour 

pressure 

100% C D 100% 

A Composition Composition B 
of vapour of liquid 
at pressure at pressure 
p p 

(c) 

Vapour Negative deviation 
pressure 

100% 100% 
A B 

(b) 
Vapour Positive deviation with 
pressure a maximum 

100% 100% 

A B 

(d) 

Vapour Negative deviation 
pressure with a minimum 

\Vapour 

100% qQ R S Ti 100% 

A B 

Figure 61.3 These diagrams show that when there are positive or negative deviations from Raoult’s law, the liquid mixture has a 
different composition to the vapour. Example 1: In diagram (a), at pressure p the vapour has composition given by C, and the 
liquid has composition D. Composition C contains more of the component (A) with the lower vapour pressure, i.e. the more volatile 
component. Example 2: In diagram (d) there are two liquid mixtures that can have a vapour pressure p. Similarly, these mixtures 
have vapours of different composition as well. The liquids have compositions R and S. They have vapours of compositions Q and 
T respectively 

a lot of phenol. Here the small increase in AS,,;, is suf- 
ficient to overcome the unfavourable AH,,,,.. However, 
if a large proportion of phenol were to dissolve in water, 
AH,,ix is too endothermic to be overcome by the TAS,,;, 
contribution to AG,,;,. On the other hand, we know 
that if the temperature is high enough it is possible for 
TAS pix to overcome AH,,;,. In fact this happens at about 
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66° C for phenol and water. Above this temperature, the 
two are completely miscible; below it, they form two 
layers. The temperature at which two partially miscible 
liquids become completely miscible is called the upper 
consolute temperature. 

The way to interpret a diagram like that of Figure 
61.4 is to start on the temperature axis and move across 



Temperature /°C 

Mixture A: 
water layer 
with some phenol 

Mixture B: 
phenol layer 
with some 
water 

100% 95% Water 50% 
Waiter 5% Phenol 

30% Water 100% 
70% Phenol Phenol 

Figure 61.4 Below 66°C phenol and water are only partially miscible. Mixtures made with a composition and at a temperature 
inside the curved line will separate into two layers. For example, at 25°C a mixture of 50% (by mass) of phenol and water 
separates into two layers, A and B. Above 66°C all mixtures are miscible. Similarly mixtures outside the curved line are miscible 

the diagram. For example, at 25°C, two mixtures can 
exist in equilibrium. These are marked A and B. Mix- 
ture A contains 5% phenol and 95% water, while B 

contains about 70% phenol and 30% water. At this 
temperature any mixture of phenol and water will 
separate into two layers having these compositions. 

61.1 Would you expect a mixture of (i) hexane and 
pentane, (ii) propan-1-ol and water to show devi- 
ations from Raoult’s law? 

61.2 In a mixture of trichloromethane and ethyl 
ethanoate there are strong intermolecular forces 
between the two types of molecule. Would you expect 
the mixture to give a positive or negative deviation 
from Raoult’s law? 

61.3 Petrol and water are immiscible. You may 
assume that petrol is made of the hydrocarbon 
octane. 

(i) What type of intermolecular bonding holds octane 
molecules together? 

(ii) What type of intermolecular bonding holds water 
molecules together? 

(iii) Compare the strength of bonds between: two 
octane molecules, two water molecules, a water mol- 

ecule and an octane molecule. 

(iv) Why is the enthalpy of mixing for these two 
liquids very positive? 

61.4 A mixture of carbon disulphide and propanone 
shows a positive deviation from Raoult’s law. Their 
vapour pressures are 39235Pa and 23541Pa 

respectively at 25°C. If a mixture of 0.2mol carbon 
disulphide and 0.8 mol propanone were made, what 
would be the vapour pressure of the mixture if it were 
ideal? How would this value compare with the true 
vapour pressure? 

61.5 When ethanoic acid and benzene are mixed 
there is a very marked deviation from Raoult’s law. 
Why might this be? (Hint: look at Unit 21.) 

61.6 Gases are able to dissolve in liquids. In 1803 
William Henry discovered a law: Henry’s law. This 
says that, for a very dilute solution of a gas, 

concentration of molecules in gas =a constant, K 

concentration of molecules in liquid 

An alternative way of writing this is 

where p, is the partial pressure of the gas, and N, is 
. the mole fraction of the molecules of gas in the liquid. 
For oxygen dissolving in water at 25°C, K is about 
30 x 10% Pa. 

You have decided to keep a goldfish in a rather 
small tank of volume 1dm?. How much oxygen is 
there to keep the fish alive? 
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(i) We shall assume that air contains about 20% 
oxygen and 80% nitrogen. If we take air pressure to 
be 101.325 x 10°Pa, what is the partial pressure of 
oxygen in air? 

(ii) What is the mole fraction of oxygen in water that 
has been left in contact with air? 

(iii) 1dm* of water is approximately 1000 g of water. 
How many moles of water is this? 

(iv) How many moles of oxygen would dissolve in 
1 dm? of water? 

(v) What mass of oxygen is this? 

61.7 Nicotine and water behave rather oddly when 
they are mixed. Figure 61.5 shows how the composi- 
tion of the mixture varies with temperature. 

If you mixed an equal number of moles of nicotine 
and water and allowed them to come to equilibrium, 
how many layers will form at (i) 100°C, (ii) 215°C, 
(iii) 55°C? 

What is special about the temperatures 61°C and 
210°C? 

Answers 

61.1 (i) No. These are both non-polar hydrocarbons 
like hexane and heptane. 

(ii) Yes. Like ethanol, propan-1-ol is polar, and it can 
take part in hydrogen bonding. However, without doing 
an experiment we cannot be sure whether it will give a 
positive or negative deviation. Actually, like ethanol, it 
gives a positive deviation with a maximum. 

61.2 Negative. The bonding in the mixture will prevent 
the molecules escaping easily into the vapour. 

61.3 (i) Van der Waals forces. 

(ii) Hydrogen bonding. 

(iii) The order will be water—water>octane—octane 
>water—octane. 

(iv) By mixing the liquids together we would be replac- 
ing two stronger types of bond by a weaker type. This is 
energetically unfavourable, i.e. we would have to put 
energy in to the system in order to break the stronger 
bonds apart. 

61.4 For carbon disulphide, 

vapour pressure = 0.2 x 39 325 Pa= 7827 Pa 

For propanone, 

vapour pressure = 0.8 x 23 541 Pa= 18 833 Pa 

The total vapour pressure will be 26 660 Pa. The true 
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Temperature /°C 

100% 100% 
Water Nicotine 

Figure 61.5 Temperature—composition diagram for 

mixtures of nicotine and water 

vapour pressure will be greater than this because the 
mixture shows a positive deviation. 

61.5 The ethanoic acid molecules dimerise. It is the 
dimers that change the vapour pressure of the ethanoic 
acid from what we would otherwise expect. 

61.6 (i) Po,= 101.325 x 10° Pa x 20/100 = 20.265 Pa. 

(ii) Using Henry’s law, 20.265 Pa/No, = 30 x 10* Pa. 
Then, No, =6.755 x 10°° 

(iii) 1000 g/18g mol”! = 55.556 mol. 

(iv) Let us call n the number of moles of oxygen. Then 

we have 

ni(n + 55.556) = 6.755 x 10°° 

Rearranging, 

55.556 x 6.755 x 10°-° = 

NT EIB RID ee 
(v) 32g mol! x 3.75 x 10 °mol=0.12g. 

61.7 (i) Two layers, one would contain mostly water, 
the other mostly nicotine. 

(ii), (iii) One layer. 

Above 210°C and below 61°C nicotine and water are 

completely miscible: 210°C is the upper consolute | 

temperature; 61°C is the lower consolute temperature. 



UNIT 61 SUMMARY 

@ Miscible liquids mix in any proportion. and the total vapour pressure is pr=pPatPp, 
@ Immiscible liquids do not mix completely; rather where N,, Nz are the mole fractions, p\, p} are the 

they make two separate layers. vapour pressures of the pure liquids, and p,, pz are 
@ Raoult’s law says that: the vapour pressures above the mixture. 

The vapour pressure of a solvent in a solution is @ Ideal solutions obey Raoult’s law. 
equal to the vapour pressure of the pure solvent @ Non-ideal solutions show deviations from Raoult’s 
multiplied by its mole fraction in the solution. In law. 
symbols, for two liquids, A and B, @ The vapour above a mixture is always richer in the 

more volatile component, unless it is an 
=N, X p> n = Nz X pt ; me : 

PA CONS i 20d Pam NeX Pe azeotropic (constant boiling) mixture. 
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Competition between solvents 

62.1 Solvent extraction 

You may have done a reaction in which chlorine water is 
added to a solution of an iodide or bromide. The chlorine 
oxidises the ions to iodine and bromine respectively. In 
the case of the iodide, the change from colourless to a 
murky orange/brown is obvious. (The colour is due to the 
formation of the triiodide ion, I, (aq).) With the bromide, 
the change can be less clear. However, if a little of the 
organic liquid 1,1,1-trichloroethane is added to the reac- 
tion mixture, the pale orange colour of bromine collects 
in the organic layer at the bottom of the tube. If the same 
organic liquid is shaken with the tube containing the 
iodine, you will discover that a beautiful purple colour 
appears. This is due to iodine molecules collecting in the 
1,1,1-trichloroethane. What has happened is that the 
covalent bromine molecules dissolve more readily in the 
purely covalent organic liquid. We can say that the 
bromine has been extracted from the aqueous layer into 
the organic layer. This is the basis of solvent extraction. 
Some substances will dissolve more readily in one liquid 

Less dense layer 

More dense layer 

Figure 62.1 A separating funnel can be used to separate 
immiscible liquids 
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rather than another. If a solution containing the sub- 
stance is shaken with a liquid in which it dissolves more 
readily, then the substance will separate into the new 
liquid. 

Solvent extraction is an important technique in chemi- 
cal analysis. Usually it is done by placing the solution and 
the second liquid into a separating funnel (Figure 62.1). 
The funnel is stoppered and the two liquids are shaken 
together. If, as is almost always the case, one of the liquids 
is organic and volatile (evaporates easily), it is wise to turn 
the separating funnel upside down and carefully release 
the pressure of vapour inside by turning the tap to the 
open position. If you ever do this, be careful. It has been 
known for the pressure to be so great that drops of liquid 
may spurt out. (Also, do not forget to hold the stopper 
on!) 

62.2. Solvent extraction is an 
equilibrium process 

Iodine is almost completely insoluble in water, but it 
does dissolve if iodine ions are present: 

L,(s) + I-(aq) = I,7(aq) 
insoluble soluble: 

in water, in water, 

soluble in 1,1,1- insoluble in 1,1,1- 

trichloroethane trichloroethane 

On the other hand, being ionic, triiodide ions will not 
dissolve in an organic liquid like 1,1,1-trichloroethane, 
but covalent iodine molecules will dissolve in it. If we 
place an aqueous solution of triiodide ions in contact 
with 1,1,1-trichloroethane, the iodine will transfer from 
the aqueous layer into the organic layer. This removes 
iodine molecules from the equilibrium above (which 
moves to the left). As a result, the brown colour of the 
triiodide ion fades, and the purple colour of free iodine 
molecules appears in the organic layer. 

To achieve a good separation, we might have to wait 
for several hours. Also, by gently shaking the two 
liquids together we can increase their area of contact 
and improve the chances of transferring iodine mol- 



ecules. However, it is not a good idea to shake too hard. 
This can break up the layers into tiny droplets that can 
take ages to collect back together into separate layers. 

62.3 Partition coefficients 

If you have read the units on equilibrium (Units 
51-55), you will not be surprised to know that there is 
an equilibrium constant that we can associate with the 
transfer of a solute between two solvents. The 
equilibrium constant is called a partition coefficient, or 
sometimes a distribution coefficient. The expression for 
a partition coefficient looks like this: 

partition _ concentration of solute in first solvent 

coefficient concentration of solute in second solvent 

This expression is known as the partition law (or dis- 
tribution law). Look at the example, which shows you 
how to use a partition coefficient. 

Example 

A solution contains 1 g of iodine dissolved in 20 cm? 
of potassium iodide solution. If we shake this solu- 
tion with 20 cm*® of tetrachloromethane (an organic 
liquid), how much iodine will be transferred into the 
tetrachloromethane? 

To answer this we need to know that the partition 
coefficient between tetrachloromethane and water 
is 85 at 25°C. 
We have 

concentration of iodine in tetrachloromethane — 85 

concentration of iodine in water 

Let us say that xg of iodine go into the 
tetrachloromethane. This will leave (1—x)g of 
iodine in the water. Therefore we have 

62.1 Use the value of the partition constant in the 
example to answer these questions. How much 
iodine would have been removed from the solution if 
you had shaken it with 

(i) 40 cm? of tetrachloromethane; 

(ii) first, 10cm? of tetrachloromethane, and then 
another 10cm® of tetrachloromethane? 

In each case compare the effectiveness of the 
separation with the result we obtained by using 
20 cmé® of the solvent. 

62.2 The results of partition experiments can be 

62.4 Why do some results not fit the 
partition law? 

In our work so far we have assumed that the solute (the 
iodine in our example) remains the same in each 
solvent. For some solutes this is not always the case. For 
instance, ethanoic acid can exist as dimers in benzene, 
whereas it stays as single molecules in water. (We shall 
ignore the roughly 4% of them that dissociate into 
ions.) When this happens we have an equilibrium like 
this: 

2CH,COOH(aq) = (CH,;COOH), (benzene) 
monomers dimers 

Now, in the same way as we have treated other 
equilibrium expressions, we put 

_ concentration of ethanoic acid in benzene 

(concentration of ethanoic acid in water)? 

With luck you will not have to worry about these com- 
plications. Also, the partition law does not work if the 
solutions involved are highly concentrated. 

xg/20cm? 

(1 — x) g/20 cms 

so, 

xX = 85(1 — x) 

and 

xX = 85/86 = 0.988 

We should have 0.988g of iodine in the tetra- 
chloromethane, and 0.0124 left in the water. 

If we wanted to collect the iodine, we would have 
to evaporate the tetrachloromethane carefully. Also, 
if we wanted to collect even more iodine, we could 
perform another extraction with the aqueous solu- 
tion left over. 

used to work out the formulae of some complex ions. 
This question shows you how this can be done for the 
complex ion made between ammonia and copper(I!) 
ions. 

First, here is the method. 25cm* of a 0.2mol dm? 
solution of copper(t!) sulphate were mixed with 25 cm? 
of 1mol dm~* ammonia solution. When these solu- 
tions mix, a royal blue solution is made. This contains 
‘a complex ion, which we can write as Cu(NH,),?°. 
The total 50cm® of the solution were shaken with 
50cm® of trichloromethane. After giving time for 
equilibrium to be achieved, the two solutions were 
separated. The ammonia was extracted from the 
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trichloromethane. After performing a titration it was 
found that 0.2 x 10-?mol of ammonia was present in 
the trichloromethane. 

Now the calculation. 

(i) Taking the partition coefficient for ammonia 
between water and trichloromethane as 25, calculate 
the number of moles of free ammonia in the original 
50 cm® of the royal blue solution. 

(ii) What is the total number of moles of ammonia in 
the trichloromethane and the 50 cm® of the royal blue 
solution? 

(iii) How many moles of ammonia were present 
before the complex ion was made? 

Answers 

62.1 (i) xg/40cm® 

(1 —x) g/20 cm? 
so x=170(1—x) and x =0.994. 

xg/10cm? 
aS IG EEG OD 
(1 — x) 9/20 cm 

which gives x = 0.977. This leaves 0.023 g of iodine in 
the 20 cm of water. With the second 10 cm* of solvent, if 
xg of iodine go into the solvent, (0.023 — x) g will be left 
in the water. Therefore we have 

xg/10cm? bs 

(0.023 — x) g/20 cm* 

Then, 2x = 85(0.023 — x) and x = 0.0225. 
By using two separate 10cm® portions we have 

separated a total of 0.9779 + 0.0225g=0.9995g. This 
is better than using one 20cm? portion, which only 
removed 0.988 g. It is also better than using one portion 
of 40 cm*. 

62.2 (i) 

number of moles of ammonia in 50 cm? water 

number of moles of ammonia in 50 cm? trichloromethane 

=i25 

(iv) How many moles of ammonia had been used in 
joining with the copper(i|) ions? 

(v) How many moles of copper(I!) sulphate had been 
used? 

(vi) Given that every 1 mol of copper(II) sulphate con- 
tains 1 mol of copper(il) ions, how many moles of 
copper‘(il) ions had been taken? 

(vii) What is the ratio of moles of copper(il) ions to 
moles of ammonia molecules in the complex ion? 
This is the value of x in the formula Cu(NH,),?*. 

(viii) What is the formula of the complex ion? 

SO 

number of moles of ammonia in 50 cm® water _ 

0.2 x 10-° mol ai 
and number of moles of ammonia in 50cm? 
water = 5 x 10°? mol. 

(ii) The total is 5x10-° mol + 0.2x10°*% mol = 
5.2 x 10°? mol. 

(iii) The original number of moles of ammonia was 

25cm? x 1 mol/1000 cm’ = 25 x 10°? mol 

(iv) Therefore 19.8 x 10°*mol of ammonia had reacted 
with the copper(I!) ions. 

(v) 25cm? x 0.2mol/1000cm*=5x10-?mol of cop- 
per(l) sulphate. 

(vi) The ratio of copper(i!) ions to ammonia molecules is 
5 x 1073 mol to 19.8 x 10-° mol, i.e. 1 to 4 (given that the 
ratio must involve whole numbers). 

(vii) The formula is Cu(NH,),7*. It is the tetraammine- 
copper(I!) ion. 

25 

UNIT 62 SUMMARY 

@ Solvent extraction: 
A solute can be separated from a solution by 

@ Deviations from the partition law occur if there is 
dissociation or association of the solute; for 

shaking the solution with a solvent in which the example, 
solute is more soluble; e.g. iodine in potassium 
iodide solution shaken with 1,1,1-trichloroethane 2CH,COOH= (CH,CQOH), 
will separate into the latter solvent. monomers dimers 

® Partition coefficient in water in benzene 

— concentration of solute in first solvent 

concentration of solute in second solvent 
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Distillation 

63.1 The boiling points of mixtures 

Distillation is a method of separating mixtures of mis- 
cible liquids. There are three key ideas that you must 
know if you are to understand how and why distillation 

works. The first is that: 

A liquid boils when its vapour pressure equals 
the atmospheric pressure. 

The second is that: 

The higher the vapour pressure of a liquid, the 
more volatile is the liquid. 

The third, which follows from the first two is: 

A liquid with a high vapour pressure will boil 
| at a lower temperature than a liquid with a 

The importance of these ideas is that we can use 
vapour pressure diagrams to tell us how the boiling point 
of a mixture of liquids will change as the composition of 
the mixture changes. Instead of plotting vapour pressure 
against composition, we can plot boiling point against 
composition. This is done for an ideal mixture in Figure 
63.1. If you compare the diagrams in Figure 63.1 you can 
see that, where the line goes up on a vapour pressure 
diagram, the line goes down on the boiling point diagram 
(and vice versa). This has the effect of turning the liquid 
and vapour composition lines upside down. 

There is a right and a wrong way of interpreting a 
boiling point diagram. The right way is to start on the 
temperature axis and work across. If we do this in 
Figure 63.2, starting at temperature 7, we meet the 

liquid line at X. Going further to the right, we meet the 
vapour line at Y. The link between the points X and Y 
means that: 

A liquid with composition X will be in 
equilibrium with a vapour of composition Y at 

| lower vapour pressure. _ 

Vapour 
pressure 
/kPa 

16.093 

4.655 

100% : 100% 

Heptane Hexane 

the temperature T. 

Boiling 
temperature 
°C 

98 
Boiling 
point of 
pure 
heptane 

68 
Boiling 
point of pure 
hexane 

100% 100% 

Heptane Hexane 

Figure 63.1 The vapour pressure—composition diagram for a mixture of hexane and heptane slopes in the opposite direction to 
the boiling point-composition diagram. (Low vapour pressure means high boiling point, and vice versa) 
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Vapour 
pressure 

100% 100% 

" Mixture showing a 
negative deviation from 
Raoult’s law 

Boiling 
temperature 

This is the 
composition of composition of 

This is the 

the liquid at the vapour at 
temperature 7 temperature T 

Figure 63.2 A boiling point-composition diagram for a mixture showing a negative deviation from Raoult’s law. It is important to 
move across the diagram at a given temperature. At T, liquid mixture X is in equilibrium with vapour Y. Notice that Y is richer in the 
lower boiling point (more volatile) component B 

(The link is often called a tie line.) You can see that the 
vapour is richer in the more volatile component (the 
one with the lower boiling point). 

Do be careful with boiling point diagrams; if you 
move upwards instead of across the diagram you will 
get into a muddle. Also, it is wise to remember that a 
mixture showing a positive deviation from Raoult’s law 
will have a vapour line that dips downwards on a boiling 
point diagram. Likewise, a negative deviation curves 
upwards on a boiling point diagram. (These are the 
opposite directions to those on a vapour pressure 
diagram.) 

63.1 How would you determine the shape of the 
liquid and vapour composition diagrams like those 
shown in Figure 63.2? You might find it helpful to 
break the question into the following stages: 

(i) What apparatus would be needed to determine 
the boiling point-composition line? 

(ii) How would you change the apparatus so that you 
could collect small samples of the vapour given off 
from the boiling liquid? 

(iii) How would you use the apparatus? 

Imagine that you have a series of boiling points for 
mixtures of various compositions. You would now be 
able to draw the boiling point-composition diagram. 

(iv) How might you discover the compositions of the 
samples of the vapours that you have collected? 
(Might there be a problem with the method you 
suggest?) 
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(v) Now you should know one method of determining 
the boiling point-vapour composition line to complete 
the diagram. 

63.2 How distillation works 

Distillation is of great importance in the chemical 
industry and in the laboratory; but the scales of the 
separation problem are rather different. In a laboratory 
we might want to separate 20cm? of one liquid from 
50cm?’ of another. On an industrial scale it can be 
necessary to separate hundreds of tonnes of a mixture 
into its component parts. In the laboratory we usually 
use the glass apparatus shown in the photo and in 
Figure 63.3. This may cost some tens of pounds. The 
industrial plant will be constructed of steel and cost 
hundreds of thousands of pounds, and be just one part 
of an entire plant costing millions of pounds. In spite of 
the differences in scale, the principle of the separation is 
the same. Figure 63.4 shows you the idea. We heat a 
mixture of composition P. This begins to boil at 
temperature T,. We now draw a line across the diagram 
until it hits the vapour line. The vapour has the com- 
position Q. In a distillation experiment, the vapour 
given off from the boiling mixture is condensed, by 
using air or cold water to cool it. The vapour, which has 
composition Q, will condense to a liquid of the same 
composition. This liquid boils at temperature T,. Notice 
that this is a lower boiling point than the original mix- 
ture. (Which it should be because the vapour contains a 
greater amount of the more volatile component.) If this, 
liquid boils, it gives off a vapour of composition R, 



Thermometer gives (a) 
boiling point of the 
distillate 

Water out 

A Liebig condenser 

a 

f 
Anti-bumping eteen 
granules 

oa Distillate 

Thermometer gives 
boiling point of the 
distillate 

Water out 

f 
Liebig condenser 

A 

Water in es, 

Column 
Temperature gradually rive 

ar alas decreases going up the Distillate 
beads column 

(b) 

Anti-bumping 
granules 

Heat 

Figure 63.3 (a) A simple distillation apparatus. (b) A fractional 
distillation apparatus 

A simple distillation apparatus. 

Boiling 
temperature 

100% P Q R 100% 
A B 

Figure 63.4 This mixture shows a negative deviation from 
Raoult’s law. The original mixture of composition P boils at T,. 
It gives a vapour of composition Q, which boils at the lower 
temperature Tz, and so on. Eventually the distillate is (almost) 
pure B 
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which condenses to a liquid or even lower boiling point. 
Eventually the vapour emerging from the distillation 
apparatus should be pure B. In practice, 100% separa- 
tion is impossible to achieve. 

In order that a distillation separates a mixture effi- 
ciently, it is essential that equilibrium is achieved at all 
places on the fractionating column. If the distillate is 
heated too quickly, there is insufficient time for 
equilibrium to be established further up the column. 
When this happens you can get a short column of liquid 
travelling up the column. It is pushed up by the large 
amount of vapour being boiled off from below. This 
phenomenon is known as logging, and should be 
avoided if the distillation is to be a success. 

63.2 Why is distillation using a Liebig condenser 
only likely to be a Success when separating liquids 
with very different boiling points? 

63.3 In a distillation experiment, we know that the 

vapour normally becomes richer in the more volatile 
component. What happens to the composition of the 
mixture remaining in the flask? Does its boiling point 
change or remain constant? 

63.4 A laboratory fractional distillation column is 
often filled with glass beads. Why is the column not 
left empty? Why is it better to use a large number of 

-| Downcomer 

small glass beads than, say, a small number of larger 
glass marbles? 

63.5 The vapour pressure of ethoxyethane is 
57.855kPa and that of propanone is 23.541 kPa at 
25°C. Which one boils at 34.7°C and which at 

56.4°C? 

63.3 Industrial distillation 

Two types of distillation column used in industry are 
shown in Figure 63.5. In industry, distillation is used for 
many purposes, one of the most important being the 
separation of different hydrocarbons from crude oil. 
The oil, known as the feedstock, is preheated and enters 
the distillation column about half-way up. There it 
meets a mixture of liquid and vapour that is already 
undergoing distillation. As we would expect, the more 
volatile components rise towards the top, and the less 
volatile components gravitate downwards. There is a 
heater at the bottom, which supplies energy to keep the 
distillation going. At various heights up the column 
there are metal plates perforated with holes. Liquid col- 
lects on the top of these plates and vapour from below 
bubbles up through the holes. In this way the liquid and 
vapour have the opportunity to reach equilibrium 
(although, in practice, they rarely do so). There are 
tubes at the side of the plates that allow liquid to flow 

Bubble caps 

Figure 63.5 Two designs of an industrial distillation column. On the left the vapours rise up the column, passing through a 

perforated metal plate into the liquid layer above. On the right is a method that uses ‘bubble caps’. Hot vapours from below pass 

into the upper liquid layers by bubbling through holes in the circular caps 
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Part of an oil refinery. The fractionating column is on the left. 

back down the column. These tubes are the ‘down- 
comers’. When liquid from a downcomer arrives at a 
lower plate, the higher temperature there brings about 
evaporation of the more volatile components, which 
then rise up through the perforated plates above. The 
less volatile components remain in the liquid and may 
run down another downcomer to the next plate below. 
A column like this will be left running indefinitely and a 
steady state is reached. At various heights up the col- 
umn the various fractions are tapped off. 

63.4 Does distillation always work? 

No, it does not if the mixture has a maximum or a 
minimum in its vapour pressure curve. To see why this 
is, we shall imagine carrying out a distillation of nitric 
acid and water. The vapour pressure curve for the mix- 
ture shows a minimum for a mixture containing 68% of 
nitric acid. Therefore the boiling point diagram (Figure 
63.6) shows a maximum at this value. 
A mixture containing 68% nitric acid and 32% water 

boils at 121°C. You can see from the diagram that the 
vapour and liquid lines meet for this mixture; that is, 
the vapour given off by this mixture also consists of 
68% nitric acid and 32% water. Therefore, if we distilled 
the mixture it would provide a distillate with the same 
composition. Similarly, the composition of the mixture 

Boiling 
temperature 
PC 

121 
120: 

Boiling point of 100 

pure HO 

Se 78.2 Boiling point of 

pure HNO; 

60 

40 

20 

J 
100% 15% HNO, 50% 100% 
H,0 85% HzO HNO, 

68% HNO, | Azeotropic 
32% HzO | mixture 

Figure 63.6 Distillation of a mixture of nitric acid and water will 
not completely separate them. For example, a 50% mixture 
gives a vapour containing 15% HNO; and 85% H,O. The 

liguid remaining in the flask becomes richer in HNO3. Eventu- 
ally the flask contains the azeotropic mixture boiling at 121°C 

in the flask would not change; its boiling point is 
constant. 

A mixture that has a constant boiling point is called 
an azeotropic mixture. 

If we were to distil a mixture that had a composition 
of, say, 50% nitric acid, Figure 63.6 shows that we 
would produce a vapour that contains a greater propor- 
tion of water in it. If the distillation continues the distil- 
late would be pure water. The liquid left in the flask 
would be the azeotropic mixture. 

In industry, azeotropic mixtures are a great nuisance. 
The whole point of distilling a mixture is to be able to 
separate the components. One way of overcoming the 
problem is to add another liquid to a mixture. For 
example, if benzene is added to a mixture of ethanol 
and water, then an azeotropic mixture does not form. 
The ethanol can be separated from the mixture (almost) 
completely pure. 

63.6 Is it always true that the vapour above a mix- 
ture of two liquids that does not obey Raoult’s law is 
richer in the more volatile liquid? 

63.7 Figure 63.7 shows the boiling point diagram for 
a mixture of ethanol and water. What is the result of 
distilling a mixture containing 50% ethanol and 50% 
water? 

63.8 Figure 63.8 shows the scheme of separation of 
ethanol and water used in industry. Benzene is added 
to the ethanol and water mixture during the process. 
Why is the benzene added? 

63.9 Figure 63.9 shows the boiling point diagram for 
a solution of hydrochloric acid. 

(i) What type of deviation from Raoult’s law does the 
solution show? 
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ees (ii) What would be produced if a solution of 
a hydrochloric acid were distilled? 

Boiling point 100 

of pure HO 63.10 Vacuum distillation uses an apparatus 
78.5. Boiling point of illustrated in Figure 63.10. 

pure C,H;OH 

(i) What happens to the boiling point of a liquid if the 
pressure above it is reduced? 

(ii) Why might vacuum distillation be used? 

(iii) An ‘air bleed’ lets a controlled amount of air into . 
the apparatus. What might be the purpose of the air 
bleed? 

100% 100% : 
HO C2H,OH 

95.6% CzH;OH 
4.4% H,O 

Figure 63.7 Boiling point-composition diagram for mix- 
tures of ethanol and water. Note: the horizontal scale has 
been exaggerated to make the diagram more clear Water out 

Liebig 
95% ethanol Benzene and condenser 

To vacuum 

f pump 

He 

Water in 
Anti-bumping 10, 30% ethanol 
granules 

20% 
benzene 

70% water 

Figure 63.10 An apparatus for performing distillation at 
reduced pressure ZO-AY>rr—-AW-O ZO-A>rr—AH-O 

7% ethanol Benzene Pure ethanol 
63.5 Steam distillation 

Figure 63.8 An industrial scheme for separating ethanol 
and water. (Diagram adapted from: Heaton, C. A. (ed.) 
(1984). An Introduction to Industrial Chemistry, Leonard 
Hill, Glasgow, figure 5.6, p. 163) 

If two immiscible liquids are kept stirred, the vapour 
pressure above the mixture is the total of the two separ- 
ate vapour pressures. For example, octane and water 

at are immiscible. At 25°C, the vapour pressures of octane 
feiperee and water are approximately 3kPa and 2.3kPa. The 

vapour pressure above a mixture of them wiil be nearly 
5.3 kPa. When the mixture is heated, the vapour press- 
ure of both liquids will increase as shown in Figure 
63.11. The vapour pressure above the mixture is the 
sum of the individual vapour pressures. When the total 
pressure equals the atmospheric pressure, the mixture 
will boil. However, the diagram shows that this happens 
at nearly 89°C, a temperature less than the boiling 
points of either the octane or the water. 

It can be useful to pass steam into a distillation mix- 
ture that contains an organic liquid (Figure 63.12). 

—85 Boiling point . . . . . . 
of pure HCI Owing to the mixture being organic, the steam is likely 

on ane 100 to be immiscible with it. The presence of the water in 
we 79.8% HO Hel the mixture reduces its boiling point, and the organic 

Figure 63.9 Boiling point-composition diagram for mix- liquid will distil at a lower temperature. This is particu- 
tures of hydrogen chloride and water, i.e. hydrochloric larly useful if the organic substance is liable to 
acid decompose at temperatures near its normal boiling 

Boiling point 100 
of pure HzO 
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Vapour 
pressure 
/kPa 

20 Bee 
29.9 kPa 

19.9 kPa 
10 kPa 

0 20 40 60 80 100 120 

Temperature /°C 

Figure 63.11 How the vapour pressures of water, octane and 
a mixture of the two change with temperature 

point. An added bonus is that the steam condensing in 
the organic mixture helps to heat it. However, the dis- 
advantage is that the distillate will be a mixture of water 
and the organic liquid. Another method of separation 
has to be used to separate the organic substance. 
Sometimes it is possible to remove the water by adding 
a drying agent like anhydrous sodium sulphate. Alter- 
natively, an organic solvent like ethoxyethane can be 
added. The organic substance will dissolve in it, leaving 
the water behind. Finally the ethoxyethane can be dis- 
tilled off very easily owing to its low boiling point. 

Thermometer 

Water level Steam “vg \\¢ 
gives a : Y O 
measure of 
pressure in 
can 

Heat 
Heat 

Figure 63.12 An apparatus for steam distillation 

Water out 

/ Liebig 

condenser 

d sce i 
nae ——= 
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Answers 

63.1. (i) A reflux apparatus fitted with a thermometer to 
record the boiling point of the liquid.. 

(ii) Just under the condenser, fit a side arm with a tap. 

(iii) Put a known volume of one of the liquids into the 
flask. Keep the tap under the condenser closed until 
some of the condensed vapour from the boiling liquid 
collects; then open the tap and collect the liquid in a 
labelled container. Measure the boiling point. It is import- 
ant not to draw off too much liquid because you will 
change the composition of the liquid in the flask (it 
becomes richer in the least volatile component). This 
would cause you to measure an incorrect boiling point. 
Allow the apparatus to cool and add a measured volume 
of the second liquid. Repeat the process. Knowing the 
densities of the two liquids, you would be able to cal- 
culate the mole fraction of each in the mixtures you use. 

(iv), (v) In principle you could clean out the apparatus 
and place the first sample of distillate in the flask; then 
measure its boiling point. From your boiling point— 
composition diagram, you could read off the composition 
of the liquid that has the boiling point you measured. 
This is also the composition of the vapour that you col- 
lected. By repeating the process for the other vapour 
samples, you could draw in the vapour line. The problem 
is that you may not have a large enough sample to be 
able to measure its boiling point easily. In practice, 
another method is used. The refractive index of the sam- 
ples is measured. A piece of apparatus called a refrac- 
tometer can be used to do this, and only one or two 
drops of liquid are needed. The refractive indices of 
many liquid mixtures are available in tables; alternatively 
you could measure the refractive index of each of the 
mixtures that you made up in the flask, draw up a graph 
of refractive index against composition, and find the 
index of the vapour from the graph. 

63.2 If the liquids have very close boiling points, then 
the vapours of both are bound to find their way into the 
condenser and it will be impossible to separate them. If 
one liquid has a much lower boiling point than the other, 
its vapour will go into the condenser much more easily 
than the other. 

63.3 The mixture becomes richer in the less volatile 

component. Its boiling point increases. 

63.4 In order that a fractional distillation works prop- 
erly, it is essential for the liquid and vapour to be in 
equilibrium at all points on the column. Equilibrium is 
encouraged by a large surface area of liquid being in 
contact with vapour. Many small beads have a much 
larger surface area than a small number of large ones. 

63.5 Ethoxyethane has the higher vapour pressure, so 
it boils at the lower temperature, 34.7°C. 

63.6 No. Azeotropic mixtures are an exception. A mix- 
ture of nitric acid and water is an example. 

63.7 The vapour becomes richer in ethanol until the 
azeotropic mixture is reached. At this point the composi- 
tion of the vapour remains constant at 95.6% ethanol. 

63.8 Ethanol and water give an azeotropic mixture 
containing about 96% ethanol. The second distillation, 
with benzene, allows pure ethanol to be separated. 

63.9 (i) The solution shows a negative deviation from 
Raoult’s law, but with a minimum in the vapour pressure 
curve. (Remember that the boiling point shows a maxi- 
mum when there is a minimum in the vapour pressure 
Curve, and vice versa. Raoult’s law refers to the vapour 
pressure Curve.) 

(ii) The liquid in the flask would finally become the 
azeotropic mixture containing 20.2% hydrogen chloride. 

63.10 (i) The boiling point is reduced. 

(ii) It is used if a mixture contains a component that 
decomposes when it nears its boiling point at atmo- 
spheric pressure. 

(iii) There is a danger of the pressure being reduced so 
quickly that the liquid boils very suddenly (and 
dangerously). The rate at which the pressure goes down 
can be controlled by changing the amount of air entering 
the apparatus. The bubbles of air also encourage even 
boiling. 

UNIT 63 SUMMARY 

A liquid boils when its vapour pressure equals the 
atmospheric pressure. 

The higher the vapour pressure of a liquid, the more 
volatile is the liquid. 

A liquid with a high vapour pressure will boil at a 

The curves can be with or without a 

maximum or minimum. 

@ Graphs of boiling point against composition are 
curved in the opposite way to those of vapour 
pressure. 

lower temperature than a liquid with a lower @ Whether a mixture is ideal or gives deviations 
vapour pressure. depends on the attractions and_ repulsions 

Graphs of vapour pressure of a liquid mixture between the different types of molecule. 
against composition: @ Boiling point—composition diagrams are used to 

(i) Are straight lines if the mixture obeys explain how liquids are separated by distillation. 
Raoult’s law. e@ An azeotropic mixture has a constant boiling point 

and the composition of the vapour above the 
mixture is the same as that of tne liquid. 

(ii) Are curves if the mixture shows deviations 
from Raoult’s law. 

(iii) Negative and positive deviations are possible. 
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These images were drawn by 
a modern computer molecular 

graphics system. The colours 

in the top photograph indicate 

the degree of positive and 
negative charge around a 

benzene ring. The red areas 
indicate positive charge, and 
the blue negative, with the 

other colours showing 

variation in positive or 

negative charge. Note that the 

hydrogen atoms (not shown) 
occur near the red regions, 

and the blue spreads in the 

region of the pi clouds. See 
Unit 16. 
The lower photograph shows 

space-filling models of 

ethane, C.H,, ethene, C,H,, 
and (at the bottom) ethyne, 

C,H,. They give a good idea 
of the relative amounts of 
space taken up by the carbon 

and hydrogen atoms. See 
Unit 16. (Photographs 
provided by the Molecular 
Graphics Unit, Trinity College, 
Dublin. The assistance of 
Loctite (Ireland) Ltd, is 
gratefully acknowledged.) 
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Top left When solid iodine 

(black) is heated, the I, 
molecules move much further 
apart in the gas. The 

separated molecules give a 
characteristic purple colour. 
See Unit 20. 
Top right The displays from 

these LCDs are indicating a 

patient’s pulse rate and blood 

oxygen level. LCDs consist of 
molecules with a special 
blend of physical properties. 
See Unit 23. 

Bottom This superb image of 
a stained glass window at 
Canterbury Cathedral shows 

the beauty of a liquid ; 
masquerading as a solid. See 
Unit 23. 



Top This beautiful pattern was . 

produced by a white laser 

light passing through a 

diffraction grating. It 

illustrates the wave nature of 
light. See Unit 30. 
Bottom left The patient in the 
background is having a brain 
scan taken by n.m.r. The 

patient’s head is surrounded 

by a large electromagnet. You 

can see the image produced 

by the scan in the 
foreground. See Unit 28. 
Bottom right The Tyndal 

effect. Blue light from the 
bright white lamp behind a 

solution of a sulphur sol has 

been scattered off to the 
sides. This leaves the lamp 

looking orange. See Unit 23. 



Titrations are important in 

chemistry. The top 

photograph shows three 

stages in an acid—base 
titration using screened 
methyl orange as indicator. 

Alkaline on the left, end point 

at centre, overshoot (acidic) 
on right. The middle left 

photograph shows the end 

point approaching in an 
iodine/thiosulphate titration 
using starch as an indicator. 

The blue/black colour of the 

iodine and starch is just 

fading to clear. See Unit 39. 
Middle right A tube 
containing ammonium 

chloride just after heating. 

Towards the middle of the 

tube ammonium chloride has 
dissociated into ammonia and 
hydrogen chloride 

(colourless). Nearer the top, 
where it is much colder, the 

two gases have recombined 
to produce solid ammonium 

chloride again. See Unit 53. 

Bottom Chromate(VI), 
Cr0,?-, and dichromate(V1), 
Cr,0,2- (aq), at equilibrium. 
On the left in alkaline 
conditions CrO,?~ ions 
(yellow) predominate. On the 

right, in acid, Cr,0,2- 
(orange) ions are in the 
majority. 



Top Copper(Il) ions in water, 
Cu?*(aq), are a much lighter 
blue (left) than when ions are 

in aqueous ammonia (right). 

With ammonia, the complex 

ions Cu(NH,),2*(aq) are 
present. See Unit 53. 

Middle left The result of a 

simple ascending 

chromatography experiment 

with felt tip pens. The green 

ink is a mixture of blue and 

yellow dyes. The ‘yellow’ ink 

contains the same yellow dye, 

and a purple dye. See Unit 

56. 
Middle right The result of a 

partition experiment in which 

a solution of |, and KI is 

shaken with 1,1,1- 

trichloroethane. An 
equilibrium is set up in which 

the majority of iodine 

molecules dissolve in the 

lower organic layer. This layer 

takes on the purple colour of 

free |, molecules. See Unit 
62. 
Bottom The iron nails have 

been left in a gel containing a 

mixture of potassium hexa- 

cyanoferrate(IIl) and 

phenolphthalein. The red 

areas indicate where rusting 

is most advanced. See Unit 

68. 
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A selection of catalysts 

used in the oil industry, 

and other areas of the 

chemical.industry. 



Molten iron and steel 

are of little use until 

they are cast into 

moulds, as is 

happening here in an 
iron foundry. See 

Unit 85. 



The relative unreactivity of 
gold, silver and platinum 

allow them to be dug directly 
from the ground, although 
samples of these sizes are 

rare. The beauty of the metals 
is not matched by the 

conditions down the mines, 
like this gold mine in Saudi 
Arabia. See Unit 85. 



Solubility product 

64.1 What is a solubility product? 

A solubility product is a special type of equilibrium con- 
stant. It tells us about the equilibrium between a solid 
and the ions it gives in solution. It is important to know 
that solubility products apply only to solids that are very 
insoluble in water. We shall use silver chloride as an 
example. Silver chloride is almost, but not completely, 
insoluble in water. The ions it provides are silver, Ag*, 
and chloride, Cl-. 

Imagine that we had a supply of silver ions and 
chloride ions and that we began to add them to a beaker 
of distilled water. The first few ions in the water merely 
wander around the beaker surrounded by a layer of 
water molecules. If we continue to add ions, then 
gradually their concentration increases until eventually 
there are so many ions in the water that some of them 
join together and particles of solid appear (Figure 64.1). 
If we now add more ions, even more solid is made; the 
number of ions left in the water does not change. The 
key thing to realise is that there is a limit to the number 
of silver and chloride ions that can exist together in the 
water. We cannot increase their number by adding 
more solid. In other words: 

Figure 64.1 There is a limit to the amount of silver chloride that 
will dissolve in a fixed volume of water. (a) If a very little silver 
chloride is added to water, it dissolves, i.e. the ions float 
around surrounded by water molecules. (b) If more silver 
chloride is added there comes atime when no more will 
dissolve. A layer of solid lies on the bottom of the beaker 

The number of ions in the water will be the 

same no matter how much solid is in the 

beaker. 

The equilibrium involved is for the reaction 

AgCl(s) = Ag* (aq) + Cl (aq) 

and we would expect that the equilibrium constant 
would be 

x — LAB" (ag) ICl-(ag)] 
[AgCl(s)] 

However, we have just agreed that the concentrations 
of the ions are independent of the amount of the solid. 
For this reason we are entitled to write the equilibrium 
constant as 

K,, = [Ag* (aq) ][Cl (aq)] 

Here, the sp added to the K tells us that this equilibrium 
constant is the solubility product. For silver chloride, 
K,, = 2.0 X 10°-'°moP dm~° at 25°C, ie. 

[Ag* (aq) ][Cl- (aq)] = 2.0 x 107'°mol? dm~° 

Some other solubility products are shown in Table 64.1. 
(Note that the concentrations in the formulae must be 
those at equilibrium.) 

64.2 Using solubility products to 
calculate solubilities 

It is not too difficult to calculate solubilities from 
solubility products. We shall use. the silver chloride 
equilibrium as an example: 

AgCl(s) = Ag* (aq) + Cl (aq) 

The equation shows that each time a silver (or chloride) 
ion is produced, a particle of silver chloride has dis- 
solved. There is always,an equal number of chloride and 
silver ions (provided no other chemicals are present). 
Therefore, the concentrations of the ions must be equal, 
i.e. 

[Ag* (aq)] = [Cl (aq)] 
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Table 64.1. Solubility products at 25°C 

Equilibrium KS Value 

AgCl(s) = Ag*(aq)+Cl (aq) [Ag*(aq)][Cl (aq)] 2.0X107'° mol? dm~° 
AglO;(s) =Ag*(aq)+IO; (aq) [Ag* (aq)][IO;~ (aq)] 2.0X10°° mol? dm~®° 
Ag,CrO,(s) =2Ag* (aq) +CrO,” (aq) [Ag* (aq) ]?[CrO,?- (aq) ] 3.0X10 '? mol’ dm~? 

Ag,S(s) =2Ag* (aq) +S? (aq) [Ag* (aq) ]7[S?- (aq)} 6.3X10° °° mol’ dm’? 
CuS(s) = Cu** (aq) +S?" (aq) [Cu** (aq) ][S? (aq)] 6.3X10°*° mo? dm~° 
PbS(s) = Pb?* (aq) +S? (aq) [Pb?* (aq) ][S?~ (aq)] es) anOn-> mole dimnm: 
ZnS (s) = Zn** (aq) +S?" (aq) [Zn?* (aq)][S* (aq)] 1.6X10 *4 mol? dm~° 
HgS(s) = Hg?* (aq) +S?7 (aq) [Hg?* (aq) ][S?- (aq)] 1.6X10~-°? mol? dm~° 
NiS(s) = Ni2* (aq) +S2> (aq) [Ni2* (aq) ][S2- (aq) ] 2.010726 mol? dm~6 
MnS(s) = Mn** (aq) +S? (aq) [Mn?* (aq)][S?-(aq)] 1.4x10°-'° mol? dm~° 

BaSO,(s) = Ba?* (aq) +SO,”" (aq) 
PbSO,(s) = Pb** (aq) +SO,” (aq) 

[Ba** (aq) ][SO,*" (aq) ] 
[Pb°* (aq) ][SO,”" (aq)] 

1.0x107'° mol? dm~° 
1.6X10°® mol? dm~° 

) 

Now, because 

[Ag*t (aq)] [Cl (aq)] =2.0 x 107'° mol? dm~° 

we have 

[Agt (aq) ]?=2.0 X 107 '° mol? dm~° 

so 

[Ag*(aq)] = 1.41 X 10°? mol dm~? 

In words, this says that the maximum concentration of 
silver ions in a solution in contact with solid silver 
chloride is 1.41 xX 10~> mol dm~*. We know from the 
equilibrium equation that if 1.41 X 10~°mol of silver 
ions are present in a litre, then 1.41 X 10~° mol of silver 
chloride will have dissolved. Therefore 1.41 X 10~? mol 
dm~? is the solubility of silver chloride. 

Sometimes it is helpful to know the solubility in g 
dm~’*. We calculate this by multiplying the solubility in 
mol dm~’? by the mass of 1 mol of the substance. In the 
case of silver chloride, 

solubility = 1.41 X 10-* mol dm~™? X 143.5 g mol”! 
= 2.02 X 10°-*g dm~™’ 

Here is a typical problem involving another barely 
soluble solid. One way of testing for sulphate ions is to 
use barium chloride solution. Barium ions and sulphate 
ions give a white precipitate of barium sulphate, BaSO,. 
Suppose you separated 10g of barium sulphate by 
filtering off the precipitate from a solution, and that you 
washed the precipitate with a litre (1 dm’) of distilled 
water. How much of the precipitate would be lost? 

First we start with the equation: 

BaSO,(s) = Ba?* (aq) + SO," (aq) 

From Table 64.1 we find K,,=1.0 x 10~'°mol*? dm~°, 
es 

[Ba?* (aq)][SO,?- (aq)] = 1.0 X 107!° mol? dm~* 

The equilibrium equation says that there will be an 
equal number of moles of barium ions and sulphate 
ions released whenever some barium sulphate dis- 
solves, so 
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[Ba** (aq)] = [SO,*" (aq)] 

Therefore, 

[Ba2* (aq) [7=1.0516= mol, dmre 

and 

[Ba?* (aq)] = 1:0 x 10-> mol dm=? 

We now know that the litre of distilled water will con- 
tain 10-* mol of barium ions (assuming that there has 
been time for equilibrium to be achieved). To produce 
this number of barium ions, an equal number of 
particles of barium sulphate must have dissolved, i.e. its 
solubility is 10~* mol dm~?. The mass of 1 mol of barium 
sulphate is 233g. Therefore the mass of barium sul- 
phate that dissolves is 233 X 10~°g, which is a little 
more than 0.002 g. This is not a great deal to lose from 
10g. 

However, try question 64.6 to see if matters are dif- 
ferent if you were trying to wash different masses of 
barium sulphate. 

The next example will allow us to work out the 
solubility of lead(11) chloride, PbCl,. This substance is an 
example of a solid that gives different numbers of moles 
of positive and negative ions in solution. The equation 
for the equilibrium is 

PbCL,(s) = Pb?* (aq) + 2Cl- (aq) 

As usual with equilibrium constants the appearance of 
the ‘2’ in the equation leads to a square term in the 
solubility constant: 

K,, = [Pb** (aq) ] [Cl (aq)]? 

In fact, 

K,, = 2.0 X 10°? mol’ dm~? 

From the equation, we know that there will be twice as 
many chloride ions as lead(i) ions in the solution in 
contact with lead(m) chloride. That is, the concentration 
of chloride ions is twice that of lead(t) ions, i.e. 

[Cl (aq)] = 2[Pb** (aq) ] 



(It is easy to get this relation round the wrong way — 
take care!). Now we have 

[Pb?* (aq)] X (2[Pb2*(aq)])? = 2.0 x 10-> mol? dm? 

i.e. 

4[Pb?* (aq) ]? = 2.0 X 10-> mol? dm~? 
[Pb** (aq) ]* = 5.0 X 10°-°mol? dm~? 
Leb: (aq)).= 1.71 X 10-2 mol\dm~? 

The solubility of lead(m) chloride is 1.71 X 10~?mol 
dm~’. 

64.1 In this and the questions that follow you may 
need to refer to the values in Table 64.1. What is the 
solubility in mol dm~° of silver iodate(v), AglO3? 

64.2 What is the solubility in g dm~° of silver 
chromate(v!), Ag.CrO,? 

64.3 What is the maximum concentration of chloride 

ions that could exist in a 0.01 mol dm~-? solution of 

silver nitrate in contact with solid silver chloride? 

64.4 You have separated 0.2g of barium sulphate 
from a solution. If you washed the precipitate with a 
litre of distilled water, what mass of barium sulphate 
would you lose? What percentage loss is this? 

64.3 The common ion effect 

One of the features of solubility products is that, as they 
are true equilibrium constants, they only change their 
values when the temperature changes. Le Chatelier’s 
principle can also be applied to them. For example, 
suppose we drop a few crystals of silver chloride into a 
litre of water and allow equilibrium to be achieved. 
Now let us put 1 mol of sodium chloride into the water. 
Sodium chloride is quite soluble in water, and will 
produce 1 mol of sodium ions and 1 mol of chloride 

ions. The concentration of chloride ions greatly 
increases. This ion is common to both the silver chloride 
and the sodium chloride. According to Le Chatelier’s 
principle the silver chloride equilibrium should shift in 
order to reduce the chloride ion concentration. It will 
do so by some of the silver ions combining with the 
extra chloride ions to make solid silver chloride. There- 
fore we would expect the concentration of silver ions to 
be less than it was without the added sodium chloride. 
We can estimate the new silver ion concentration. 

The concentration of chloride ions, [Cl- (aq)], would be 
1 mol dm~’ owing to the dissolved salt. But we know 
that 

[Ag* (aq) ][Cl- (aq)] =2.0 x 10° '° mol? in 

so 

[Agt(aq)] X 1 mol dm~*=2.0 X 107'° mol? dm~° 

[Ag*(aq)] =2.0 X 107 '°mol dm~* 

Previously we found that for silver chloride on its own, 
[Ag* (aq)] = 1.41 X 10°-* mol dm~’. The effect of adding 
the common ion is to make the silver ion concentration 
about one hundred thousand (10°) times smaller. This 
means that the solubility of silver chloride has been 
reduced by the same amount. 
We now have a method of reducing the solubility of 

silver chloride in water: we add a soluble substance that 
has an ion in common with the silver chloride. 

Having understood this, you might think that if we 
used a 5mol dm’, rather than a 1 mol dm7?, solution 
of sodium chloride we would reduce the solubility of 
silver chloride even further. Unfortunately things are 
not so simple. When the concentration of ions increases 
beyond a certain level, other effects start to take a part. 
Especially, the presence of large numbers of ions 
changes the electric fields in the solution, which in turn 
influence how ions like Ag* and Cl join together. The 
changes that take place are linked to a quantity called 
the ionic strength of a solution. You will find information 
about ionic strength in more advanced chemistry books. 
In addition, when silver ions are in solution with large 
numbers of chloride ions, complex ions such as AgCl,?~ 
are made. The presence of complex ions leads to the 
predictions made from solubility product calculations 
not matching with experiment. 

64.5 You have collected a precipitate of lead(I) sul- 
phate, and you want to keep as much of it as you can. 
Which of the following solutions would you choose to 
wash the precipitate: potassium nitrate, potassium 
sulphate, potassium chloride? 

64.4 Solubility products tell us 
when a precipitate will be made 

The solubility product for lead(1) sulphate is 

PbSO,(s) = Pb?* (aq) + SO,?7 (aq); 
Kyp = 1.6 X 10-* mol? dm~° 

This shows that lead(i1) ions and sulphate ions can exist 
together in a solution provided the product of their 
concentrations is not greater than 1.6 X 10-* mol? dm~°. 
For example, we could have [Pb**(aq)]=10~’ mol 
dm~* and [SO,?~(aq)]=10~*>mol dm~* without any 
precipitate appearing. The reason is that [Pb**+(aq)] x 
[SO,*- (aq)] =107'®° mol? dm~°, which is smaller than 
K,,. On the other hand, if [Pb**(aq)] = 10~* mol dm7~? 
and [SO,?(aq)]=10°-?mol dm7~?, then [Pb?*(aq)]x< 
[SO,7- (aq)] = 10-7 mol’ dm~°. In this case the solubility 
product is exceeded by the product of the concentrations. 
(Be careful when you look at values of concentrations 
like this: 1077 is 10 times Jarger than 107°.) When this 
happens a precipitate will be produced. Solid lead(m) 
sulphate will appear until the concentrations of the two 
ions decrease to a level at which the solubility product is 
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not exceeded. This example is an illustration of a 
general rule: 

A precipitate will appear if the solubility 
product is exceeded. 

However, do not expect predictions always to match 
with practice. Often ions in solution do not behave 
independently of one another. Positive ions will tend to 
stay close to negative ions, and vice versa. Indeed, the 
formation of ion-pairs makes solubility product calcula- 
tions unreliable. 

64.6 A solution was 0.1 mol dm~? in barium ions, 
Ba®*, and lead(I!) ions, Pb?*. If it had drops of sodium 
sulphate solution added to it, which solubility product 
would be exceeded first, that of BaSO, or PbSO,? 
Which of these substances would be precipitated 
first? 

64.5 Using solubility products in 
chemical analysis 

Over a period of many years, chemists have discovered 
methods of analysing mixtures of substances. If the 
analysis is aimed at finding out only which elements or 
compounds are present, it is called qualitative analysis. If 
it is necessary to discover how much of an element or 
compound is present, it is called quantitative analysis. 
There is a standard scheme of qualitative analysis that 
you can find in work such as that by Vogel (see the 
bibliography at the end of the book). 

Several parts of the analysis scheme ask you to pass 
hydrogen sulphide gas through the solution being 
analysed. The gas dissolves in water to give sulphide 
ions, which react with many metal ions to give a pre- 
cipitate. Sometimes the colour of the precipitate can tell 
us which metal is present. For example, mercury(I!) 
sulphide, HgS, is black, while manganese(II) sulphide, 
MnsS, is pink. The problem is to arrange things so that in 
a solution that contains both mercury(I) ions, Hg?*, 
and manganese(II) ions, Mn?*, each sulphide is pre- 
cipitated separately from the other. 

The way this is done makes use of knowledge of the 
solubility products of sulphides: 

MnS(s) = Mn7?* (aq) + S27 (aq); 
K,, = 1.4 x 107’? mol? dm~° 

HgS(s) =Hg** (aq) + S*" (aq); 
K,, = 1.6 x 10-*? mol’ dm~° 

The values show that although both sulphides are 
barely soluble in water, mercury(I) sulphide is very 
much less soluble than manganese(I) sulphide. There- 
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fore, if sulphide ions are introduced into a solution con- 
taining both Hg** and Mn?* ions, then mercury(II) 
sulphide will be precipitated before manganese(I) sul- 
phide. The trick is to make the sulphide ion concentra- 
tion large enough to ensure that the solubility product 
of mercury(I) sulphide is exceeded but to keep it suffi- 
ciently low so the solubility product of manganese(II) 
sulphide is not exceeded. The concentration of sulphide 
ions is controlled by changing the conditions in the 
solution to be analysed. 

Let us assume that we are analysing a solution that is 
0.1mol dm~ in mercury(m) ions, Hg?*, and 0.1 mol 
dm~? in manganese(11) ion’s, Mn?*. The analysis scheme 
tells us to add a little dilute hydrochloric acid to the 
solution before bubbling hydrogen sulphide through it. 
Owing to the hydrochloric acid, the solution has a large 
number of hydrogen ions present. These ions influence 
the dissociation of the hydrogen sulphide: 

H,S(aq) = H*(aq) + HS" (aq) (A) 
HS" (aq) = H*(aq) + S* (aq) (B) 
this side favoured this side favoured in 

in acid conditions alkaline conditions 

Le Chatelier’s principle tells us that these equilibria will 
move to the left in order to reduce the concentration of 
the hydrogen ions. 

Therefore, in acid solution there will be relatively few 
sulphide ions. In fact, in a 0.1 mol dm~? solution of 
hydrochloric acid, the maximum concentration of sul- 
phide ions is about 1.0 X 10-7? mol dm~?. Thus in our 
acidified solution we have 

[S?=(aq)] =10< 10> mol-am 
[Hg?* (aq)] =0.1 mol dm~? 
[Mn?* (aq)] = 0.1 mol dm~? 

Therefore, 

[Hg?* (aq) ][S?~ (aq) ] = 1.0 x 10-2 mol? dm~* 

This is about 107° times Jarger than the solubility prod- 
uct of the sulphide (K,,=1.6 x 10~°? mol? dm~°), so 
mercury(I) sulphide will definitely be precipitated. 
Also, 

[Mn?+ (aq) ][S2~(aq)] = 1.0 x 10-26 mol? dm~¢ 

which is about 101’ times smaller than the solubility 
product of manganese sulphide (K,,= 1.4 x 107’ mol’ 
dm~°). Therefore, this sulphide will not be precipitated. 

The result is that we would see a black precipitate of 
mercury(i!) sulphide, but no pink precipitate of 
manganese (II) sulphide. 

Having removed (nearly all) the mercury ions you 
should be able to guess the next step: add an alkali. It is 
the presence of the hydrogen ions that stops the con- 
centration of sulphide ions becoming large enough to 
precipitate the manganese(1I) ions. If an alkali is added 
(usually aqueous ammonia), the hydrogen ion con- 
centration is reduced. This causes the two equilibria (A) 
and (B) to move to the right. The sulphide ion con- 
centration increases and the solubility product of 
manganese(II) sulphide can be exceeded. We would see 
a pink solid appear in the reaction tube. 



64.7 You have been given a solution that contains 
equal concentrations of copper(II) ions and lead(!!) 
ions. 

(i) If you passed hydrogen sulphide through the solu- 
tions, which sulphide would be precipitated first? 

(ii) If you wanted to be sure that only one of the 
sulphides was precipitated, would you add acid or 
alkali to the solution before bubbling through the 
hydrogen sulphide? Explain your answer. 

Answers 

64.1 AglO,(s)=Ag* (aq) + lO; (aq); 
K,, = 2.0 x 10° mol? dm-® 

[Ag*(aq)][IO,-(aq)] = 2.0 x 10-§ mol? dm-& 

But, the equation shows us that [Ag*(aq)] =[IlO3 (aq)], 
so 

[Ag* (aq)]? = 2.0 x 10-® mol? dm~® 
[Ag*(aq)] = 1.4 x 10-4 mol dm-? 

The equation also shows that for every mole of silver 
ions that goes into solution a mole of silver iodate(v) 
must have dissolved. Hence if the number of moles of 
silver ions in a litre is 1.4 x 10-4 mol, then an equal num- 
ber of moles of silver iodate(v) must have dissolved, i.e. 
the solubility is 1.4 x 10-*mol dm-°. 

64.2 We know that 

Ag-CrO,(s) = 2Ag* (aq) + CrO,? (aq) 
[Ag*(aq)]*[CrO,?-(aq)] = 3.0 x 10° '? mol? dm? 

The equation shows that there are two silver ions for 
every chromate(vi) ion. Therefore the concentration of 
silver ions is twice that of chromate(vi) ions, i.e. [Ag*(aq)] 
=2[CrO,? (aq)]. This gives 

(2[CrO,?(aq)])*[(CrO,? (aq)] = 3.0 x 107’? mol? dm-? 
A[CrO,?- (aq)]*[CrO,?- (aq)] = 3.0 x 107 '* mol? dm-? 
[CrO,? (aq)]> = 0.75107"? mol? dm~? 
[CrO,?-(aq)] = 9.1 x 10- mol dm? 

Every chromate(v!) ion that is found in solution comes 
from one particle of silver chromate(vi) that has dis- 
solved. Therefore, the solubility is also 9.1 10-°mol 

dm’. Using the table of atomic masses in Appendix C, 
you should find that the mass of 1mol of silver 
chromate(vi) is 332g. Hence the solubility in g dm~? is 
9.1 x 10 *mol dm“? x 332g mol-'=3.02 x 10°?g dm * 

64.3 The solubility product of silver chloride is 

[Ag*(aq)][Cl- (aq)] = 2.0 x 10-'° mol? dm~® 

The presence of the silver nitrate solution makes 
[Ag*(aq)] =0.01 mol dm-°. Therefore, 

2.0 x 107 '° mol? dm~® 
Cir = ee ag = 0 01 mol dm=3 

= 2.0 x 10°-®moldm ° 

This is the maximum concentration of chloride ions that 
can exist in the solution. (We ignore the existence of 
complex ions.) 

64.8 A solution contains equal concentrations of 
zinc ions and nickel(Il) ions. A student decides to pass 
hydrogen sulphide solution through the solution. 
What would you expect to happen? 

64.9 Say what, if anything, is wrong with this state- 
ment: ‘The solubility product of copper(i!) sulphide is 
extremely small. This means that the sulphide is 
almost insoluble in water. It also means that if you 
mixed copper(il) ions and sulphide ions, they would 
react together extremely quickly to give a solid.’ 

64.4 In section 64.2, we worked out the solubility of 

barium sulphate to be 10-*mol dm~°. This corresponds 
to a mass of 0.002 g dissolved. The point is that it does 
not matter whether we wash 10g or 0.2g of the sulphate 
with water, the same mass dissolves. In this case there 

is a percentage loss of (0.002 g/2g) x 100% =0.1%. 

64.5 We are looking for a solution that has a common 
ion with the lead(i!) sulphate; this is the potassium sul- 
phate solution. 

64.6 From Table 64.1 we have K,,=1.0 x 10 '°mol 
dm~° for barium sulphate, which is 100 times smaller 
than K,.=1.6x10-®mol? dm~® for lead(i) sulphate. 
Therefore the solubility product of barium sulphate will 
be exceeded first, and this will be the first substance to 
be precipitated. If the sodium sulphate solution is added 
continually, then the solubility product of lead(tl) sul- 
phate will be exceeded as well, and this will start to 
precipitate. 

64.7 (i) The solubility product of copper(ti) sulphide is 
10® smaller than that of lead(ii) sulphide and will be 
exceeded first. Therefore copper‘(!!) sulphide will be pre- 
cipitated first. 

(ii) It would be necessary to keep the sulphide ion con- 
centration low, so that only the solubility product of cop- 
per(t!) sulphide will be exceeded. You would have to add 
dilute acid in order to make sure that the equilibria (A) 
and (B) in section 64.5 involving hydrogen sulphide lay 
to the left, thereby keeping the sulphide ion concentra- 
tion to a minimum. 

64.8 The solubility product of nickel(\i) sulphide is 
100 times smaller than that of zinc sulphide. Therefore 
nickel(i) sulphide will be precipitated first. However, 
the values of the solubility products are not so very 
different and zinc sulphide would be precipitated soon 
after. 

64.9 The statement is correct about the size of the 
solubility product (see Table 64.1) and about the very 
low solubility of the sulphide. However, it does not follow 
from this that the reaction between copper(II) ions and 
sulphide ions is very fast. We have met this point before: 
equilibrium constants tell us nothing about the rates of 
reactions. In fact the ions do react very quickly together, 
but you discover this from experiment, not from the size 
Of Kp. 
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UNIT 64 SUMMARY 

@ Ifa solid partially dissolves in water, an equilibrium @ Precipitation of a salt will occur if its solubility 
is set up between the solid and the ions. The product is exceeded. 
equilibrium constant for the process is the 
solubility product. For example, 

AB,(s) = A** (aq) + xB7 (aq) 

K, = [A** (aq) ][B™ (aq) ]* 

(concentrations measured at equilibrium). 
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6) 
Colligative properties 

65.1 What are colligative 
properties? 

A colligative property of a solution is one that depends 
on the number of particles dissolved in it, rather than on 
the type of particle. There are three colligative proper- 
ties in which we shall be particularly interested. They 
are: 

(i) Elevation of boiling point. For example, a solution of 
sugar boils at a temperature above 100°C, the 
normal boiling point of water. 

(ii) Depression of freezing point. An example of this 
effect is the fact that salt water freezes at a lower 
temperature than 0°C, the normal freezing point 
of water. 

(iii) Osmosis. This is the name used to explain the 
observation that water will spontaneously pass 
through a barrier, such as a cell wall, into a solu- 
tion. The particles of the solute will not pass 
through the same barrier. 

The first two are somewhat simpler to understand than 
the last; but strange as it may seem, each of them is 
linked to the way the vapour pressure of water changes 
when a solid is dissolved in it. Incidentally, although 
water is the most common solvent in the world, it is 
certainly not the only one. We shall use water as our 
main example, but other solvents behave in similar 
ways. 

65.2 Why does a solute influence 
the vapour pressure of water? 

When a solid dissolves in water, its ions or molecules 
become surrounded by water molecules: we say that 
the particles are hydrated. In the case of an ionic solid 
like sodium chloride, water molecules are attracted to 
the positive or negative charges on the ions. For a 
covalent substance like sugar, the attractions are due to 
the hydrogen bonds made between water and sugar 
molecules. Owing to the extra attraction that the water 
molecules feel for the dissolved particles, they find it 

Water 
vapour 

Water 
alone 

Figure 65.1 In principle, one method for measuring vapour 
pressure. The mercury level is depressed less by the vapour 
of the solution than by water alone. That is, the vapour press- 
ure of the solution is less than that of pure water 

harder to escape from a solution than from pure water. 
By comparing the vapour pressure of pure water with 
the vapour pressure of a solution of an involatile solute 
(Figure 65.1), we can compare the ease with which 
water molecules can escape into the vapour. The 
vapour pressure of a solution is always lower than that 

of pure water. 

65.3 Elevation of boiling point 

In Unit 55, you will find the phase equilibrium diagram 
of water. The important part of the diagram is reprodu- 
ced in Figure 65.2. The lines show the equilibrium 
between liquid and vapour over a range of 
temperatures. If we were to plot a graph of the vapour 
pressure of a solution, we should expect the line to lie 
below that of pure water. (At a given temperature, the 
vapour pressure of the solution is Jess than that of 
water.) The more concentrated the solution, the more 
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Pressure 
/atm 

Normal 
atmospheric 1 
pressure 

100 101 102 

Temperature/°C 

Figure 65.2 The vapour pressure lines for solutions lie below 
the line for pure water. The diagram shows that the vapour 
pressure of solution 1 equals atmospheric pressure at 101°C, 
and that of solution 2 at 102°C. That is, the solutions have 
elevated boiling points 

the line is depressed. Always, a liquid will boil when its 
vapour pressure equals the pressure of the atmosphere 
around it. If we assume the atmospheric pressure is 
l atm, Figure 65.2 shows that the solutions will boil at 
temperatures above 100°C. The higher the concentra- 
tion, the higher the boiling point. 

Experiment shows that | mol of solute dissolved in 
1 kg of water increases the boiling point by 0.52°C. We 
say that: 

The elevation of boiling point constant of 
water is 0.52°C kg mol "!. 

Thus, if we were to place 2 mol of solute into 1 kg of 
water we would expect the boiling point to increase by 
1.04°C; 1 mol of solute in 500g of water should also 
give an increase of 1.04° C. The way the boiling point of 
a solution is measured is explained in Figure 65.3. 

Every solvent has its own particular boiling point 
constant — see Table 65.1. 

Table 65.1. Elevation of boiling point and 
depression of freezing point constants 

Solvent Elevation of boiling Depression of freezing 
point constant point constant 
/°C kg mol! /°C kg mol! 

Water 0.52 1.86 

Ethanol Hells 1.93 
Propanone 7S Peifa 

Benzene 2.64 DIZ 
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A 

lates Beckmann 
thermometer 

Tile Cottrell pump sprays 
liquid over the thermometer 
bulb 

Solution under 
test 

Platinum wire, to assist 
efficient boiling 

Figure 65.3 The elevation of the boiling point of a liquid can 
be measured using a method invented by Cottrell. To ensure 
that equilibrium between the solvent and vapour is achieved, 
the solution is sprayed over the thermometer bulb. If the bulb 
is placed directly in the liquid there is a danger that it does not 
record the temperature of the liquid in contact with vapour, 
only the temperature of the liquid. The thermometer is a highly 
accurate type invented by the German chemist Ernst Beck- 
mann. (He did a great deal of work on the colligative proper- 
ties of liquids in the late 1880s.) The pressure in the apparatus 
has to be carefully controlled by a system of pumps and 
manometers. These are not shown in the diagram 

65.4 How to make use of the boiling 
point constant 

One of the reasons why the boiling point constants of 
water and other solvents have been investigated is that, 
once they are known, the information can be used to 
determine the molar mass of a compound. For example, 
if we know that 0.5 g of urea dissolved in 100 g of water 
increases the boiling point by 0.043°C, we can calculate 
the molar mass of urea. We shall call M g the mass of 
1 mol of urea. It can be helpful to lay out the working 
like this: 

0.5 g in 100g gives an increase of 0.043°C 
0.5g in 1 kg gives an increase of 0.043°C X 100 g/10’g 

= 0.0043°C 
1 g in 1 kg gives an increase of 0.0043°C x 1 g/0.5¢ 

= 0.0086° C 
Mg in 1 kg gives an increase of M X 0.0086° C 

But with Mg of urea in 1 kg of water the elevation of 
boiling point should be 0.52°C. Therefore, we have 

0.0086° C X M=0.52°C 

so M=60.5, and the molar mass is 60.5 g mol7!. This 



compares favourably with the formula CO(NH,), of 
urea, which gives a molar mass of 60g mol"!. 

There are two reasons why the result of such a cal- 
culation may be unreliable. If the solute molecules 
change when they dissolve in the water, the predicted 
molar mass may not be correct. This is particularly 
important if (i) the molecules dissociate, e.g. into ions, or 
(ii) if they associate (join together), e.g. some molecules 
can dimerise (two molecules join to make one larger 
molecule), and oppositely charged ions can interfere 
with one another, often making ion-pairs. You will find 
more information about this in section 65.11 below. 
Results can also be unreliable if the solution used is not 
dilute. 

65.1 You dissolve 18g of glucose, CgH,.Og, in 1 kg 
of water in a saucepan. At what temperature will the 
water boil (assuming 1 atm pressure)? 

65.2 Given that salt is 100% dissociated into separ- 
ate ions in water, and assuming no ionic interference, 
how many moles of salt would be needed to give 1 kg 
of water the same boiling point as in question 65.1? 

65.5 Depression of freezing point 

Figure 65.4 shows the part of the phase equilibrium 
diagram of water where ice and water can exist in 
equilibrium. The diagram shows that the point at which 
ice can exist in equilibrium with water is at a lower 
temperature for a solution than it is for pure water. This 

Pressure 
/atm 

Ice and pure water 
equilibrium 

Ice and solution 1 
equilibrium 

Ice and solution 2 
equilibrium 

Normal 
atmospheric 1 
pressure 

Vapour pressure solution 2 

Vapour pressure solution 1 

Vapour pressure pure water 

Temperature/K 

270 21221 O10 

Figure 65.4 The depression of the vapour pressure of a solu- 
tion means that ice and solution come to equilibrium below 
the normal freezing point of water. In this diagram, for exam- 
ple, solution 2 freezes at 270 K, or —3°C 

Beckmann 

Stirrer thermometer 

\4)=—Solid can be added 
through here 

~<&—— Guard tube 

Freezing mixture, 
e.g. ice/salt 

Solution 

Figure 65.5 A depression of freezing point apparatus. The 
guard tube keeps a layer of air between the freezing mixture 
and the solution in the inner tube. This helps to prevent the 
solution freezing too rapidly, and perhaps suffering from 
supercooling. (The details of the thermometer are not shown 
in the diagram) 

is a result of the lowering of the vapour pressure curve 
for a solution. Be careful that you realise that the 
equilibrium involves ice (pure solid water) and water, 
not the solute particles. 

Every solvent has its own depression of freezing point 
constant. You will find some values in Table 65.1. 

Molar masses can be calculated from freezing point 
measurements in much the same way as for boiling 
points. The method is explained in Figure 65.5. The 
same problems can occur if there is association or 
dissociation. 

65.3 0.64g of an organic compound lowered the 
freezing point of 100g of benzene by 0.256°C. 

(i) How many moles of the compound were dissolved 
in the benzene? 

(ii) What was the molar mass of the compound? 

(iii) Which of the following is the formula for the com- 
pound: C,H,, CgHs, CgHio, CroHs, CioHio? Explain 
why at least one of these is an impossible answer, 
irrespective of the molar mass. 

65.4 A student decided to try to lower the freezing 
| point of 1kg of water to —40°C, and calculated the 
mass of sodium chloride he would need. His estimate 

was 21.5mol of sodium chloride. 

(i) Was his estimate correct? 

(ii) Would you attempt the experiment yourself? 
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65.6 Osmotic pressure 

One of the simplest ways that you can set up an osmosis 
experiment is shown in Figure 65.6. The liquid level in 
the tube rises. This shows that water from the beaker 
passes through the cellophane into the sugar solution. If 
you were to test the water in the beaker you would find 
that it is free of sugar. The cellophane allows some 
molecules to pass through it but not others; it is called a 
semipermeable membrane (Figure 65.7), or sometimes a 
perm-selective membrane. The result of the experiment 
looks as if there were a pressure acting on the water in 
the beaker which pushes it through the membrane into 
the solution. This pressure is due to the process of 

Liquid level in tube rises 

+~ Sugar solution 

Cellophane 

=e Se = ee — Water 

Figure 65.6 A simple osmosis experiment. Water passes into 
the sugar solution, causing the liquid level in the tube to rise. 

Solvent — = = 

molecules 

PURE 
— SOLVENT 

Solvent 

— molecules 

Semipermeable 
membrane 

Figure 65.7 In osmosis, solvent molecules always pass from 
the less concentrated to the more concentrated solution. 
Often the movement is from pure solvent to solution 
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osmosis. One of the key things to remember in osmosis 
is that: 

The solvent will pass through a semipermeable 
membrane from the less concentrated to the 
more concentrated solution. 

65.7 Methods of measuring osmotic 
pressure 

A typical way of measuring’ osmotic pressure is to separ- 
ate a solution from a solvent by a semipermeable mem- 
brane, and then apply a pressure to the solution. If the 
pressure is adjusted until it equals the osmotic pressure, 
osmosis will stop. This is the basis for the two types of 
apparatus illustrated in Figure 65.8. 

Pressure 

Glass 
capillary 

(gauge) 

Porous cylinder 
with membrane 

Tube for 
filling 

OOO fo eae 
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To pressure gauge 

Bronze cylinder 

Porous pot with 
membrane 

5 

,00,0.9 010,020 00" 

Solution under 
pressure 

SOO 6 

PPO 

es ° $5 

Solvent 

(b) Frazer and Myrick’s method (1916) 

Figure 65.8 Two methods of measuring osmotic pressure. 
(Taken from: Caldin, E. F. (1958). Chemical Thermodynamics, 
Oxford University Press, Oxford, figures 65 and 66) 



65.8 How might we explain 
osmosis? 

One of the first explanations of osmotic pressure was 
due to van’t Hoff in 1886. He suggested, correctly, that 
solvent molecules in the solution and the pure solvent 
bombarded the semipermeable membrane. Likewise, 
he pointed out that, on average, there were more 
solvent molecules bombarding the membrane on the 
solvent side than on the solution side. According to 
van’t Hoff we can draw the analogy with a gas and say 
that the solvent side has the higher ‘pressure’, so the 
solvent molecules will travel into the low pressure 
(solution) side. However, the theory does not work out 
in detail. (This is in spite of the fact that some of the 
equations for osmotic pressure are very similar to the 
gas laws.) In practice solvent molecules interact with 
the solute particles in a solution. This interaction makes 
the situation significantly different to the behaviour of 
gases. A different explanation of why osmosis is linked 
to pressure, and why it is a colligative property, makes 
use of our knowledge of vapour pressures (Figure 65.9). 
We know that the vapour pressure of a solvent will 

be greater than that of a solution. The difference in 
vapour pressures within the narrow pores of the 
semipermeable membrane means that solvent mol- 
ecules will travel from the solvent surface and join the 
solution. The osmotic pressure will depend on the dif- 
ference between the two vapour pressures, which ‘in 
turn depends on the number of solute particles in the 
solution. 

You should not think that this is the correct explana- 
tion of osmosis. Osmosis is very complicated, and a full 
account of it would have to include details about the 

Semipermeable 
membrane 

Figure 65.9 One explanation of osmosis says there are chan- 
nels through the semipermeable membrane where solvent 
and solution surfaces come close together. Because the 
vapour pressure of the solvent, po, is greater than that of the 
solution, p,, solvent molecules transfer across the gap from 
the solvent to the solution 

effects of the size of the solute and solvent particles, and 
about the nature of the membrane itself (some of them 
contain ions, some are covalent). 

65.9 How to calculate molar masses 
from osmotic pressure experiments 

We have said that a simple explanation of osmosis in 
terms of treating the solvent and solution as if they 
were gases is not strictly correct. However, some 
analogy with a gas is possible. Especially, from 
thermodynamics, it is possible to prove that the osmotic 
pressure, II, of a solution is given by 

nRT 
ea 

where T is the Kelvin temperature, R the gas constant 
and there are 7 mol of solute in a volume V of solution. 
This equation is like the ideal gas equation, and we can 
use it in a similar way. Now look at example 1. 

Example 1 

1.1g of a protein were dissolved in 100cm? 
(100 x 10-®m®) of solution. The osmotic pressure at 
25°C was measured as 1.15kPa, i.e. 1150N m2. 
What was the molar mass of the protein? 
We need to discover the value of n, so we start by 

rearranging the equation: 

mei 
RT 

_ 1150N m-? x 100 x 10°-&m® 

8.314J K-'mol"' x 298K 

= 4.64 x 10-° mol 

n 

This represents our 1.1g of protein. Hence, the 
molar mass of the protein is 

1.1g 
————=—__ = 93 700g mol"! 
Mog ome’ oo! oe 

This is a fairly typical value for a protein. 

The results of osmosis experiments are subject to the 
same conditions that apply to the two other colligative 
properties of solutions, i.e. the solutions must be dilute, 
and the solute should not change its nature by dissoci- 
ating or associating. In the case of proteins the mol- 
ecules are so large and liable to interact with one 
another that strictly our equation IITV= RT is only true 
in the limit of infinite dilution. 
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65.5 Haemoglobin is the chemical in blood that is 
responsible for transporting oxygen from the lungs 
around the body. A solution containing 1g of 
haemoglobin in 100cm® of water had an osmotic 
pressure of 364N m~? at 298K. Estimate the molar 
mass of haemoglobin. 

65.6 If two solutions separated by a_ perfect 
semipermeable membrane have the same osmotic 
pressure, they are said to be isotonic. A solution of 
sugar was isotonic with a solution of an ionic sub- 
stance, AB. Both solutions had the same volume, and 
were at the same temperature. If the sugar solution 
contained 0.2 mol of sugar, estimate the number of 
moles of AB in the other solution. 

65.10 Some examples of osmosis 

Perhaps the most important semipermeable membranes 
are found in living systems. Cell membranes act as 
semipermeable membranes. For example, if a cell is 
placed in pure water it will swell. The cytoplasm inside 
the cell contains dissolved ions and some of the water 
outside the cell passes through the membrane owing to 
osmosis. On the other hand, if a cell is placed in a 
concentrated solution of salt, the cell shrivels. This time 
the water passes out of the cell into the more con- 
centrated solution around it. Camels have blood cells 
that are considerably more elastic than those of 
humans. When a camel takes in a large quantity of 
water, its blood cells swell owing to water molecules 
passing into the cells. After many days without water, 
the cells shrink as water passes out of the cells into the 
blood stream. Human cells are unable to withstand such 
changes: hence humans rather than camels are more 
likely to die as a result of severe drought. 

Osmosis has been of great use in determining molar 
masses, especially those of polymers. Even small 
amounts of a solute can give rise to large osmotic press- 
ures. Small quantities of a polymer, which might have a 
molar mass of around 100 000 g mol“!, can be dissolved 
in an organic solvent and give a measurable osmotic 
pressure. If the same quantity were used in an elevation 
of boiling point experiment, the rise in temperature 
could be almost insignificant. 

One application of osmosis that has become increas- 
ingly important is better known as _ reverse osmosis 
(Figure 65.10). It is used for water purification. We 
know that pure water will pass through a semiperme- 
able membrane into a solution. If we apply a pressure 
equal to the osmotic pressure, we can stop osmosis tak- 
ing place. However, if we apply a pressure greater than 
the osmotic pressure, then we will force water from the 
solution to pass into the pure water on the other side of 
the membrane. Dissolved ions and molecules will 
remain on the solution side. In this way we have 
separated pure water from the solution. 
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Figure 65.10 In a reverse osmosis experiment, solvent can be 
made to move from the solution to the solvent. A pressure 
greater than the osmotic pressure must be applied to the 
solution 

Reverse osmosis plants have been set up in parts of 
the world to separate pure water from sea water. Their 
effectiveness is also being investigated as a method of 
purifying water where supplies are contaminated by 
nitrate, and other varieties of pollution. 

65.7 If you were a pathologist faced with the body of 
a person who died by drowning, how could you tell if 
the person drowned in sea or fresh water? 

65.11 Abnormal molar masses 

Experiments on colligative properties of solutions are 
reliable only if the following two conditions are met. 

(a) The solution used must not be too 
concentrated 

For example, in an elevation of boiling point experi- 
ment, it would be silly to try to dissolve 1 mol of the 
solute into 100g of water and expect the elevation of 
boiling point to be 5.2°C. In the first place the solute 
would be unlikely to be that soluble. In the second 
place, when a solution becomes very concentrated, the 
particles are so close together that they begin to interact 
with each other as much as with the solvent. This 
means that the effect on the vapour pressure starts to 
depend on the type of solute, not just on the number of 
solute particles. 

(b) The solute must not dissociate or associate 

Ionic compounds that dissolve in water liberate their 
ions into the solution. For example, if 1 mol of sodium 
choride, 58.5 g, is dissolved in water, we might expect 



1 mol of sodium ions and 1 mol of chloride ions to be 
released. If this happens there would be 2mol of 
particles in the solution. Therefore, if we ignore interac- 
tions between ions in solution, 1 mol of sodium chloride 
in 1 kg of water would be expected to increase the boil- 
ing point by 2 x 0.52°C, or 1.04°C. If we did not know 
about the dissociation into ions, we would be led to the 
conclusion that the 2 mol of particles present had a mass 
of 58.5 g, and that the mass of 1 mol of sodium chloride 
was 29.25 g. This illustrates the rule that, when there is 
dissociation into ions, the measured molar mass is lower 
than the true value. 

Other substances may not be as extreme as an ionic 
compound, but may still dissociate slightly into ions. A 
typical example is a weak acid like ethanoic acid (Figure 
65.11), which, in water, takes part in the equilibrium 

CH;,;COOH(aq) = CH,COO (aq) + H* (aq) 

Often less*than 10% of the molecules dissociate into 
ions, so the measured molar mass is only a little less 
than the true value. 

In an organic solvent like benzene, molecules of 
ethanoic acid can dimerise owing to hydrogen bonding. 
In this case the number of particles is less than expected 
if there were no dimerisation. In this case the measured 
molar mass is more than the true value. 

To summarise, both dissociation and association give 
rise to abnormal molar masses. 
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€H3— CH,—C\ © + H* 
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In water, ethanoic acid partially dissociates into ions 
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hydrogen bond 

In some solvents, e.g. benzene, ethanoic acid dimerises 

Figure 65.11 Experiments to determine the molar mass of 
ethanoic acid often lead to abnormal values 

65.12 Calculating the degree of 
dissociation from abnormal molar 

masses 

Let us imagine a substance that dissociates in solution. 
We shall call the substance AB and assume that it 
changes into separate parts, A and B. (A and B might, 
for example, be positive and negative ions.) If we start 
with 1 mol, and a fraction xmol dissociates, the total 
number of moles of particles at equilibrium is 1 + x: 

AB =A+B 

number of moles 1—x x x total l+x 

The extra number of particles will increase the change 
in temperature or the osmotic pressure; but this will 
decrease the value of the molar mass. 

To see why this is so, let us take an extreme case 
where the dissociation is complete. If so, x=1 and 
1+x=2. Suppose we placed 100g of a substance into 
1kg of water and measured the elevation of boiling 
point as 1.04°C. Because the elevation of boiling point 
constant is 0.52°C kg mol~', we would say that there 
were 2mol of the substance present. Thus we would 
predict the molar mass to be 100 g/2 mol=50g mol". 
This is half the real molar mass. 

It is a general rule that: 

Dissociation leads to low values for molar 
masses. 

The general rule is that 

real molar mass = (1 +x) X measured molar mass 

We shall now work through two examples. 

Example 2 

The osmotic pressure of a solution of potassium 
chloride containing 0.75g in 100cm® of water was 
4.52x10°N m? (452kPa) at 25°C. What is the 
predicted molar mass of potassium chloride? 

Using the formula 

_lv 
IRilf 

we have 

_ 4.52 x 10°N m-2 x 100 x 10-& m2 

8.314J K~' mol-! x 298 K 

n 

= 0.018 mol 

This suggests that 0.75g of potassium chloride is 
0.018mol, so the mass of 1mol appears to be 
41.7g. The actual mass of 1mol of potassium 
chloride, KCl, is 39g+35.5g=74.5g. Using our 
formula, 

74.5g=(1+x) x 41.7g 

Ge ee 
41.79 

which gives x= 0.79. 
The fraction x is often expressed as a percentage 

and is known as the degree of dissociation. |n this 
case the degree of dissociation of the potassium 
chloride is 79% To be more exact, we should call 
this an apparent degree of dissociation. We have 
ignored ionic interference, especially the presence 
of ion-pairs. 
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Example 3 

6g of ethanoic acid was placed in 100g of benzene. 
The freezing point depression of the solution was 
measured as 3.4°C. What is the apparent molar 
mass of ethanoic acid? 
We have, 

6 g of acid in 100 g of benzene gives a depression 
of 3.4°C 
6g of acid in 1 kg of benzene gives a depression 
“of 0.34°C 

But we know that 1 mol of substance should depress 
the freezing point of 1kg of benzene by 5.12°C. 
Therefore, we would need 6g x5.12°C/0.34°C 
= 90.4 g of acid to give a depression of 5.12° C. This 
is the apparent molar mass of ethanoic acid in 
benzene. It is greater than the real molar mass of 
the acid, which is 60g mol~'. The reason is that the 
acid molecules dimerise in benzene. We have 

CH,COQOH = 3(CH,;COOH), 
number of moles 1-x x/2 total 1 — x/2 

In this case, 

real molar mass = (1 — x/2) X measured molar mass 

So 

60g=(1-—x/2) x90.4g 
(1 —x/2) = 0.66 

which gives x=0.68. So 68% of the acid has 
dimerised. 

65.8 Naphthalene is a white organic solid at room 
temperature. It melts at 80.1°C. Its depression of 
freezing point constant is 6.5°C kg mol~'. 100g of 
naphthalene was melted and 3.94 g of sulphur stirred 
into it. The sulphur dissolved in the naphthalene. The 
solution froze at 80.0°C. 

(i) What was the depression of freezing point? 

(ii) How many grams of sulphur would have 
depressed the freezing point of 1 kg by this amount? 

(iii) What mass of sulphur would have depressed the 
freezing point of 1kg by 6.5°C? 

(iv) What is the predicted molar mass of sulphur? 

(v) Given that M(S)=32g mol’, what does this tell 
you about the sulphur atoms in liquid naphthalene? 

65.9 If 1g of the protein of example 1 in section 
65.9, which had a molar mass of 23 700g mol”', was 
dissolved in 100g of water, what would be the 
depression of freezing point of the water? Why do 
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people use osmotic pressure measurements for such 
molecules? 

65.10 A_ solution containing 5.85g of sodium 
chloride in 100g of water had an osmotic pressure of 
4.46x10°N m-? at 298K. What is the apparent 
degree of dissociation of the sodium chloride? 

65.13 The thermodynamic 
explanation of colligative properties 

Each of the three colligative properties that we have 
met is concerned with an equilibrium of one kind or 
another. In Unit 51 we discovered that a condition for 
equilibrium in a reaction is that the free energy of the 
products equals the free energy of the reactants. In sym- 
bols, we said that AG=O. A similar relationship holds 
here, as set out in Table 65.2. 

Using the first of these conditions, and more 
advanced thermodynamics than we can consider here, 
it is possible to derive an equation for the elevation of 
boiling point constant, C. The result is 

C= RTE 
1000 AH 

Here T, is the boiling point (in kelvins) of the pure 
solvent, R is the gas constant, and AH is the heat of 
vaporisation of 1 mol of pure solvent. 

The same equation can be applied to the depression 
of freezing point constant; but this time we should write 
T; (the freezing point of pure solvent) instead of T,, and 
AH becomes the heat of fusion of the pure solvent. 
Actually, the substance does not have to be a liquid at 
room temperature. It is possible, for example, to mix 
two solids together, melt them and then record the 
freezing or boiling point of the solution. However, the 
formula will only work if the solution is dilute. To 
ensure this you would mix a lot of one solid with a little 
of the other. In the case of osmotic pressure we have 
already used the equation II = nRT/V, which can also be 
derived from thermodynamics. 

Table 65.2. Conditions for equilibrium in 
colligative properties of solution 

Colligative property Condition for equilibrium 

Free energy of pure solvent vapour 
equals free energy of solvent in solu- 
tion \ 

Elevation of 
boiling point 

Free energy of solvent in solution 
equals free energy of solid solvent 

Depression of 
freezing point 

Free energy of pure solvent equals free 
energy of solvent in solution 

Osmotic pressure 



65.14 Raoult’s law and solids in 

solution 

The French chemist Francois-Marie Raoult was one of 
the first to investigate the influence that a solute had on 
the vapour pressure of a solution. In 1886 he made a 
discovery that is now known as Raoult’s law, and which 
we first met in Unit 61 when discussing mixtures of 
liquids. In words the law says: 

The vapour pressure of a solvent in a solution 
is equal to the vapour pressure of the pure 
solvent multiplied by its mole fraction in the 
solution. 

Let us take a solution containing a solvent that we 
shall label A. We shall write the vapour pressure of pure 
A as p,, and of A in the solution as p,; we shall call its 
mole fraction N,. In symbols, Raoult’s law is 

Pra=NAXDK Raoult’s law 

For example, at 25°C, the vapour pressure of water, p%, 
is 2261N m~? (17mmHg). If we took 1 mol of water 
(18cm?) and dissolved 0.1 mol of sugar in it, the mole 
fraction of water is 

1 mol 

= imoleodac | 
A 

and 

P,=2261N mx 0.91=2058N m7 

This tells us that the vapour pressure of water above the 
sugar solution is lowered by about 10%. Notice that 
Raoult’s law says nothing about the chemical nature of 
the solute. It is a law that concerns the number of 
particles of the solute present, not their nature. 
However, when he first performed his investigations, it 
was a puzzle to him why some substances gave depres- 
sions of vapour pressure that were greater than expected 
from his formula. Often these were solutions of salts. 

65.11 Sodium metal will dissolve in methylbenzene, 
C,H,. The vapour pressure of pure methylbenzene is 
2926 N m at 25°C. If 1 g of sodium was dissolved in 
46g of the liquid, what would be the new vapour 
pressure? 

65.12 Why do solutions of salts not obey Raoult’s 
law? 

Answers 

65.1 18g of glucose represents 0.1 mol. Therefore the 
boiling point will be raised by 0.1 x 0.52°C =0.052°C. 
The new boiling point will be 100.052°C. 

65.2 With the salt 100% dissociated, there would be 
twice as many moles of particles as in the glucose solu- 
tion. We would need only half the number of moles of 
salt, i.e. 0.05 mol. 

65.3 (i) 1mol of compound would lower the freezing 
point of 1kg of benzene by 5.12°C. The same effect 
would be given by 0.1 mol in 100g of benzene. Thus, 
0.01 mol would give a depression of 0.512°C, and 
0.005mol a depression of 0.256°C. Hence 0.64g 
represents 0.005 mol. 

(ii) The molar mass is 0.64 g/0.005 mol = 128g mol". 

(iii) The formula is C,,>H, (naphthalene). The first, CsH., 
is the formula of benzene itself. Clearly this cannot 
depress its-own freezing point. Also, the others are 
liquids at room temperature, so they are volatile solutes. 
Our work on colligative properties assumes that the 
solutes are involatile. 

65.4 (i) 21.5mol of solute in 1kg of water should 
depress the freezing point by 21.5 mol kg"! x 1.86°C kg 
mol-'= 40°C. It seems that he is correct, but he has 
forgotten that sodium chloride is ionic and dissociates 
into free ions in solution. If we assume 100% dissocia- 
tion, he would only need 10.75 mol of the salt. 

(ii) It would be a waste of time: the solubility of salt in 
water is only about 5 mol kg’. 

65.5 Using the equation IIV=nAT, or n=IIV/RT, we 
have 

_ 364Nm* x 100 x 10°&m? 

8.314J K"' mol"! x 298K 

Thus, 1g is 14.7 x 10°® mol of haemoglobin, which tells 
us that the molar mass of haemoglobin is 
19/(14.7 x 10°-® mol), i.e. around 68000g mol”'. The 
reason for this high value is that haemoglobin is a 
protein. 

=14.7x 10 mol 

65.6 With the ionic compound dissociated fully into A* 
and B’ ions, we would obtain two moles of particles from 
one mole of AB. Therefore we would only need 0.1 mol 
of AB for the solution to be isotonic with the sugar 
solution. 

65.7 One method would be to look at the size of some 
of the cells in the body. If the person died in fresh water, 
owing to the passage of water into them, the cells should 
have swollen compared to normal. 

65.8 (i) The depression was 0.1°C. 

(ii) You would need 10 times as much in 1kg as in 
100g, i.e. 39.4g. 

(iii) To increase the depression from 0.1°C to 6.5°C 
would require 39.4g x 6.5 = 256.1 g. 

(iv) The predicted molar mass is 256.1 g mol’. 

(v) This corresponds to Sz. Indeed, sulphur is often to 
be found as rings of eight sulphur atoms (see Unit 100). 
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Answers — contd. 

65.9 1mol of solute would depress the freezing point 
of 100g of water by 0.186°C. 1g of protein represents 
about 4x 10-°mol. This would give a depression of 
around 8 x 10°°°C. This is such a small depression that 
it would be extremely difficult to measure with sufficient 
accuracy. Osmotic pressures are easier to measure 
accurately. 

65.10 Using the formula n=IIV/RT, we have that the 
number of moles n is 

4.46 ‘10° N m2 x 100 < 10" m* 

~) “8 314) Ke’ mol 298K 
Therefore, the molar mass 

5.85 g/0.18 mol = 32.5g mol’. 
The true molar mass of sodium chloride is 58.5g 

=0.18 mol 

appears to be 

mol'. If we call the apparent degree of dissociation x, 

65.11 1mol of methylbenzene has a mass of 92g. 
Thus 46g represents 0.5mol. Also, 1g of sodium 
represents 1 g/23g mol-'=0.043 mol. We have, 

! 0.5 mol 
mole fraction of methylbenzene = 0.5mol+0.043 mol 

=0.92 

So 

vapour pressure above solution = 0.92 x 2926N m ? 
= 2694N m? 

65.12 Salts are often fully dissociated into ions. For 
example, 1 mol of potassium chloride dissolved in water 
would give 2 mol of particles (1 mol of K* ions and 1 mol 
of Cl” ions). As we found in the other colligative proper- 
ties, abnormal results are obtained when there is dis- 
sociation or association of the particles. 

we have ; 

58.5g mol-'=(1+x) x 32.5g mol"! 

which gives x = 0.8, or 80%. 

UNIT 65 SUMMARY 

concentrated to a more concentrated solution. 
The pressure needed just to stop the flow of 
solvent is the osmotic pressure. 

@ Osmotic pressure II can be calculated from the 
formula IIl=nRT/V, where T is the Kelvin 
temperature, R is the gas constant and m mol of 
solute are in a volume V of solution. 

e All three colligative properties can be used to 
determine molar masses. Osmotic pressure is best 
for determining very high molar masses, e.g. 
those of polymers. 

@ Abnormal molar masses are obtained if there is 
association or dissociation of the solute, e.g. 
ethanoic acid dimers in an organic solvent. 

A colligative property of a solution is one that 
depends on the number, rather than on the types, 
of particles dissolved in it. 

@ Elevation of boiling point: 
Each solvent has its own elevation of boiling point 
constant; e.g. 1 mol of solute dissolved in 1 kg of 
water increases the boiling point by 0.52°C. 

@ Depression of freezing point: 
Each solvent has its own depression of freezing 
point constant; e.g. 1 mol of solute dissolved in 
1 kg of benzene will depress the freezing point by 
Sab2eG: 

® Osmosis: 

Osmosis is the process where a solvent passes 
through a semipermeable membrane from a less 
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66 
Electrochemical cells 

66.1 How an equilibrium is set up 
between a metal and solution 

If you were to place a zinc rod into a solution containing 
zinc ions, an equilibrium would be set up between 
them. There is a tendency for zinc atoms on the surface 
of the rod to be attracted into the solution. However, 
they do not enter the solution as atoms, but as zinc ions, 
Zn?*. In this guise they can be solvated by water mol- 
ecules. The electrons left behind when a zinc atom is 
transformed into a positive ion remain on the rod. As a 
result the region of solution very close to the rod suffers 
an increase in positive charge (owing to the extra Zn**t 
ions), while the rod carries a layer of negative charge 
(the electrons left behind) — see Figure 66.1. 

Other metals dipping into solutions of their ions 
undergo a similar but opposite change. For them, some 
of the ions in the solution cling on to the metal and 

Metal Metal 
rod rod 

i nn 
| 

SSF OOUUON =a ae 

Figure 66.1 The origin of Helmholtz double layers around a 
metal rod dipping into a solution. (a) For this metal, the 
equilibrium M"*(aq)+ne =M(s) lies to the left. Some of 
the metal atoms go into solution as positive ions. Electrons 
remain on the rod. (b) For this metai the equilibrium 
M"* (aq) +ne~ =M(s) lies to the right. Positive ions leave the 
solution, thus giving the surrounding solution an overall nega- 
tive charge 

attract electrons out of the rod. This leaves the rod with 
a positive charge. Because the solution near to the rod 
loses positive ions, it becomes slightly negatively 
charged. 

An electric double layer is set up. This layer is known 
as the Helmholtz double layer. 

If we call the metal M and we assume that it makes a 
positively charged ion M”t, the same -equilibrium is 
involved in both cases: 

M”* (aq) +ne~ = M(s) 

The difference is that for some metals the equilibrium 
lies to the left (these give extra positive ions into the 
solution), while for others it lies to the right (these take 
positive ions out of the solution). 

From now on we shall call the metal rods electrodes. 
Whenever there is a separation of positive and negative 
charges, we should be able to measure a voltage. In this 
case there should be a voltage between the electrode 
and the surrounding solution. At first sight it might 
seem an easy thing to measure this voltage. All we need 
is a voltmeter and two pieces of wire. One piece we 
connect to the electrode, the other we dip into the solu- 
tion. Unfortunately this idea has a flaw in it. As soon as 
we dip the metal wire into the solution, another 
equilibrium is set up. This time it is between the metal 
from which the wire is made and the ions it gives in 
solution. We have introduced another Helmholtz 
double layer. The best we can do now is to measure the 
difference in voltage between the two double layers. 
This is an unavoidable state of affairs; we cannot 
directly measure the voltage between the Helmholtz 

double layer. 
This is unfortunate because if we could measure the 

voltage it would tell us something about how good a 
metal is at releasing electrons. Metals that release 
electrons easily are good reducing agents, so by compar- 
ing the voltage for each metal we would be able to put 
them in order of their reducing power. 

Given that we are bound to measure a voltage 
between two double layers, the most convenient thing 
to do is to agree to keep one of them constant and 
always measure the difference between this one and 
the others. The system that has been chosen as a 
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standard is the standard hydrogen electrode. We shall refer 
to this as the S.H.E. 

66.2 The standard hydrogen 
electrode 

The S.H.E. consists of hydrogen gas bubbling over a 
platinum electrode immersed in a_ solution of 
hydrochloric acid (Figure 66.2). At standard conditions, 
the hydrogen must be at a pressure of latm 
(101.325 kPa) and the acid must be 1 mol dm™? in con- 
centration. (Strictly, the acid should be at unit activity, 
which is approximately 1.18mol dm~?, but we can 
ignore the difference.) The temperature should be 25°C 
(298K). The platinum electrode is usually coated with 
finely divided platinum called platinum black. This acts 
as a catalyst to allow equilibrium between the gas and 
the solution to be established quickly. 

Hydrogen at ——» 
1 atm prasctre Temperature 25°C 

Platinum electrode 
coated with 

platinum black 

Hydrochloric acid of 
unit activity, about 

1.18 mol dm 3 

Figure 66.2 A standard hydrogen electrode (S.H.E.) 

The reaction that takes place in the S.H.E. is 

2Hia(ag)-- ess Hs (2) 

Under standard conditions the electromotive force, 
e.m.f., of the S.H.E. is defined to be exactly zero volts. A 
standard e.m.f. is given the symbol E®, so we have 

Ep = 9.000 V 

The more systematic way of writing this is to put 

Ee. m, = 0,000 V 

66.3 Standard electrode potentials 

Having established our standard, we can connect metal 
electrodes to the S.H.E. and measure the voltage 
between the two. Figure 66.3 shows an arrangement 
using a zinc electrode. 

390 Physical Chemistry 

Digital 
voltmeter 

—0.76 V 
Hydrogen, 
1 atm 
—> 

P Zinc 
Salt bridge electrode 
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Hydrochloric Platinum Zinc sulphate 
acid, nH electrode solution, _, 
1 mol dm 1 mol dm— 

Figure 66.3 An apparatus to measure the standard electrode 
potential of zinc. For accurate work the solution should have 
an activity of 1, rather than a concentration of 1mol dm~’. The 
temperature should be 25° C. It is not essential to use a digital 
voltmeter, but the meter must have a very high resistance 

At standard conditions the zinc should be dipping 
into a 1 mol dm”? solution of the zinc ions. (Strictly the 
solution should have an activity of 1. Using activities 
makes an allowance for the way ions influence each 
other in solution.) The entire arrangement makes up an 
electrochemical cell, with the S.H.E. making one half- 
cell, and the zinc in a solution of zinc ions the other half- 
cell. The two half-cells are connected by a salt bridge. A 
typical salt bridge is made by dissolving an ionic sub- 
stance such as potassium chloride in agar. The warm 
agar is used to fill a U-tube and when it cools it sets to a 
jelly. The charge on the potassium and chloride ions 
provides electrical contact between the two half-cells. 
We shall say more about salt bridges a little later. 
Now we have another convention that you must get 

to know. It is this: we define the e.m.f. of a combination 
of two half-cells to be the difference between the e.m.f. 
of the half-cell on the right-hand side minus the e.m.f. 
of the half-cell on the left-hand side, i.e. 

Oo 2 yo Bie) ino 2 
E Celle EB right E left 

A S.H.E. is always used as the left-hand half-cell. In this 
case we have 

Caan Oo So ERO: 
E celia: EB Zn2+/Zn EB H+/H) 

so 

Co = Ee 
E collins E Zn2+/Zn 

because E¥.)4,=0V by definition. 

If you were to perform this experiment you would 
discover that the voltmeter would only give a reading if 
its negative terminal (the black coloured one) was con- 
nected to the zinc. This means that the zinc is negative 



Table 66.1. Table of standard electrode potentials 
at 25°C 

Reaction E°lV 

Li* (aq) +e” =Li(s) —3.03 Strongest 
Kt (aq) +e” =K(s) 2192 reducing agents 
Ca** (aq) +2e° =Ca(s) =2.87 
Na‘ (aq)+e  =Na(s) a Tal 
Mg?* (aq) +2e =Mg(s) - —2.37 
AP* (aq) +3e° =Al(s) —1.66 
Zn?* (aq) +2e = Zn(s) —0.76 
Pb?* (aq) +2e =Pb(s) —0.13 
2H* (aq) +2e =H,(g) 0.00 
Cu2* (aq) +2e =Cu(s) +0.34 Weakest 
Ag* (aq) te” =Ag(s) +0.80 reducing agents 

compared to the S.H.E. Indeed, you should find that 
FY p2+/2n = —0.76 V. This figure is known as the standard 
electrode potential of zinc. 

The standard electrode potential of many other half- 
cells can be measured in a similar way. A cell is made up 
with the metal dipping into a 1 mol dm * solution of its 
ions and connected to a S.H.E. Table 66.1 provides some 
results. 

The more negative the value of the standard 
electrode potential, the greater is the tendency for a 
metal to give up its electrons, and the stronger is its 
reducing power. Conversely, the more positive the 
value of E°%, the greater is the oxidising power. 

66.4 Combining half-cells 

We can make a Daniell cell by combining zinc and cop- 
per half-cells (Figure 66.4). The half-cell with the most 
negative electrode potential should always be shown as 
the left-hand half-cell. This is why we have the cell with 
the zinc half-cell on the left-hand side, and the copper 
on the right. Therefore, 

a GO, ey oes 
EB eel] ~~ E right EB left 

a= TBs; E32. 
att Cu2t+/Cu B Zn2+/Zn 

= +0.34 V— (—0.76 V) 
=+1.1V 

As another example we could choose to combine 
copper and silver half-cells (Figure 66.5). They both 
have positive standard electrode potentials, but the 
silver one is more positive than the copper. Alter- 
natively we can say that the copper electrode is more 
negative than the silver. Therefore, we should show the 
copper half-cell as the left-hand half-cell. We have 

B Sell = Ee sae ant =) Tet 

iz Peta — Btuetieu 

=+0.80V—0.34V z 

=+0.46 V 

The main conventions that you need when working 
with electrochemical cells are shown in Table 66.2. 

Zinc 
electrode Copper 

electrode 
<x 

er. 

MISS 

ADT 7 

SSK 
x> 
LS 
CX x ZZ 

KX> SL vas 

Zinc sulphate Copper(tl) sulphate 
solution, _ solution 
1 mol dm 1 mol dm— 

Negative half-cell Positive half-cell 
on the left on the right 

Figure 66.4 A Daniell cell can be made by joining a zinc in 
zinc sulphate half-cell with a copper in copper(li) sulphate 
half-cell. The cells are linked by a piece of filter paper soaked 
in potassium nitrate solution. This acts as the salt bridge. 
Note: If you set up this cell in the laboratory, do not think that it 
will only work if the zinc half-cell is on the left as you look at it! 
The key thing is that the voltmeter will only give a positive 
reading if the zinc electrode is connected to the negative 
(black coloured) connection on the voltmeter. Similarly, the 
copper electrode has to be connected to the (red) positive 

terminal of the voltmeter 

Copper 
electrode Silver 

electrode 

<xXK KM 
ELL 

S655 

KK 

xx 

CX 2%. 
S 

4 

eee 
YS 

SZ 

Copper(i!) sulphate 
solution, 
1 mol dm 

Silver nitrate 
solution, _ 
1 mol dm 

3 

Figure 66.5 A cell made from copper in copper‘(ti) sulphate 
and silver in silver nitrate half-cells. Again, we have shown the 
more negative half-cell on the left of the diagram 
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Table 66.2. Cell conventions 

A cell is made up of two half-cells 
The cell e.m.f. is given by E&y = ESant— Bien 
The standard hydrogen electrode, S.H.E., is defined to have 

an e.m.f. of 0.000 V 
A standard electrode potential is measured with the S.H.E. as 

the left-hand half-cell 
The more negative electrode should be the left-hand half-cell 
Metals with the most negative electrode potentials are the 

best reducing agents 

66.5 How to work out cell reactions 

The golden rule here is that: 

The more negative half-cell gives up electrons 
to the external circuit. 

For example, in the Daniell cell, the zinc is the nega- 
tive electrode, and electrons travel from the zinc 
through the wire to the positive copper electrode 
(Figure 66.6). This means that the reaction in the zinc 
half-cell must be 

Zn(s) > Zn?* (aq) + 2e— 

tps 
e) 
be 
e 

Flow of electrons ia 

ro P 
K> 

Zinc 
electrode Copper 

electrode 

Zinc sulphate 
solution, 
1 mol dm 

Copper(i!) sulphate 
solution s 
1 mol dm 

-3 

Positive half-cell 
on the right 

Negative half-cell 
on the left 

Figure 66.6 /f current is allowed to flow through a Daniell cell, 
the electrons always move from the zinc electrode through the 
external circuit to the copper electrode. The electrical energy 
supplied by the cell can be used to light a bulb, turn a motor, 
etc. It is a rule that the electrons travel from the more negative 
half-cell to the more positive half-cell 

Similarly, the reaction in the copper half-cell is one that 

absorbs the electrons travelling round the circuit. We 
have 

Cu?*t (aq) + 2e7 > Cu(s) 

392 Physical Chemistry 

The overall equation for the reaction is the sum of these 
two equations, i.e. 

Zn(s) + Cu** (aq) > Zn?* (aq) + Cu(s) 

The way we have written this reaction tells us the direc- 
tion in which the reaction proceeds if we allow elec- 
tricity to flow through the circuit. As we know, all good 
things must come to an end, and eventually the voltage 
of the cell falls to zero. When this happens the reaction 
has come to a true equilibrium, and for this reason we 
might write the reaction taking place as an equilibrium 
reaction like this: 

Zn(s) + Cu?* (aq) = In?* (aq) + Cu(s) 

Let us use the silver and copper half-cell reactions as 
our second example. Here the copper half-cell is the 
more negative, so this is the one that gives up electrons 
to the external circuit. The reaction taking place in this 
half-cell is 

Cu(s)—> Cu?* (aq) + 2e7 

In the silver half-cell, 

Ag* (aq) +e — Ag(s) 

In order to balance the cell reaction we need 2 mol of 
silver ions to take up the 2 mol of electrons provided by 
the copper. For this reason the cell reaction is 

Cu(s) + 2Ag* (aq) > Cu** (aq) + 2Ag(s) 

Again, this tells us the direction in which the reaction 
takes place if we allow electricity to flow. In reality, 
equilibrium will eventually be set up, so we could 
equally well write the reaction as 

Cu(s) + 2Ag* (aq) = Cu?* (aq) + 2Ag(s) 

66.1 (You will need the data in Table 66.1 in order to 
answer many of the questions in this unit. Assume 
standard conditions unless otherwise stated.) You 
decide to build a cell from lead and copper half-cells. 

(i) Which is the negative half-cell? 

(ii) Draw a diagram of the cell. (Which half-cell should 
be drawn on the left-hand side?) 

(iii) Write down the reaction that takes place in each 
half-cell. 

(iv) Write down the overall cell reaction in two ways, 
the first showing the direction that the reaction actu- 
ally takes, the second showing it as an equilibrium 
reaction. 

66.2 Repeat question 66.1 for a cell made from lead 
and zinc half-cells. 

66.3 Write down the cell reaction for a zinc half-cell 
combined with a S.H.E. In one equation show the 
direction that the reaction actually takes, and in 
another as an equilibrium reaction. 



66.6 A quick way of writing cells 

At present we either have to write a paragraph saying in 
words what is present in a cell, or draw a diagram of it. 
Neither of these options is very convenient, so another 
method has been invented. To see the method at work, 
we shall use the Daniell cell as an example. The cell is 
written* 

negative half-cell 

Zn(s) Zn?* (aq), 
1 mol dm~ 

WAC 1 mol dm7~? 
electrode Solution of 

zinc ions 

positive half-cell 

Cu?* (aq), Cu(s) 
1 mol dm~? 

1 mol dm~? copper 
solution of electrode 
copper ions 

The vertical full lines between the symbols mean that 
there is a change of state present. For example, there is 
a change in state between the solid electrodes and the 
solutions in which they sit. The vertical broken lines 
between the two solutions represent a barrier, such as a 
porous pot. Sometimes you may see the cell written 
with a salt bridge between the two half-cells. If the 
bridge was made of potassium chloride, the cell would 
be written 

Zn(s) | Zn?* (aq), 
1 mol dm~? 

KOU Cue (aq), 
1 mol dm? 

Cu(s) 

A most important half-cell is the S.H.E. If we were to 
use a S.H.E. to measure the standard electrode potential 
of lead we could write the cell as 

Pt(s) | H3(g),| H* (aq), | Pb** (aq), 
latm | 1mol dm~? |} 1 mol dm-? 

Pb(s) 

Another half-cell that is widely used is called a 
calomel electrode. This consists of mercury in contact 
with dimercury(1) chloride (Hg,Cl,) dipping into a solu- 
tion of potassium chloride, which is saturated with the 
dimercury(!) chloride. The cell reaction is best written 

Hg,** (aq) + 2e”- > 2Hg(1) 

The calomel] electrode is often used as a substitute for a 
S.H.E. The calomel electrode is easier to set up, and its 
e.m.f. has been measured to a high degree of accuracy. 
If we want to measure its standard electrode potential 
we would set up the cell 

Pt(s) | H,(g),| H* (aq), 
latm|1mol dm-? | 

Cl (aq), 

1 mol dm~? 
een | Hg(1) 

for which F%j,,+ 1g = +0.789 V at 25°C. The cell also has 
the virtue of changing its e.m.f. only very slightly as the 
temperature changes. 

66.7 The anode and cathode in a 

cell 

Oxidation occurs when a chemical loses one or more 

“Normally the cell is written on one line like this: 

Zn(s) | Zn?*(aq),1 mol dm-3 t Cu?*(aq), 1 mol dm~$ | Cu(s) 

but we have arranged this and similar cells so that they fit into one 
column of text. 

electrons; reduction occurs when a chemical gains one 
or more electrons. At the negative electrode in the 
Daniell cell the zinc loses electrons. Therefore oxidation 
takes place at this electrode. Conversely, reduction 
takes place at the positive half-cell where the copper(ml) 
ions are converted into copper atoms. The electrode at 
which oxidation takes place is called the anode. The 
electrode at which reduction takes place is called the 
cathode. For example, in the Daniell cell, the zinc 
electrode is the anode and the copper electrode is the 
cathode. 

You should be careful when you use the terms 
‘anode’ and ‘cathode’. Often it is said that a cathode 
carries a negative charge, and an anode a positive 
charge. This is not in general correct; the anode and 
cathode should be defined in terms of oxidation and 
reduction. However, in electrolysis (see Unit 72) it is the 
case that the electrode at which chemicals are oxidised 
happens to be the positively charged electrode, and 
chemicals are reduced at the negative electrode. In 
electrolysis, then, the cathode is negatively charged and 
the anode positively charged. In cells, matters are rather 
different. 

66.4 Acell is made from aluminium and silver half- 

cells. Which electrode is the cathode, and which the 

anode? 

66.8 More about salt bridges 

As we have seen, one type of salt bridge is made by 
dissolving potassium chloride in agar jelly. A simpler 
type that you might use is made by allowing a strip of 
filter paper to soak up an ionic solution, for example 
potassium nitrate solution. The strip of filter paper can 
be draped over the sides of two beakers that contain the 
solutions of the two half-cells. 

You should be able to understand why a salt bridge is 
needed if you think about what would happen if a cell is 
made up with a bridge missing. If we use the Daniell cell 
as our example, we know that there will be a Helmholtz 
double layer in both half-cells. The tendency is for zinc 
atoms to go into solution, and for copper(II) ions to 
come out of solution. The solution in the zinc half-cell 
becomes richer in positive ions. If this positive charge 
builds up, then the electrons on the zinc electrode are 
attracted more and more strongly by the solution. In 
the copper half-cell, the reverse process occurs: positive 
ions are lost from the solution, so the attraction for 
electrons is reduced. In this situation electrons will not 
travel from the zinc to the copper. The cell will not 
work. 
Now let us see what happens if a salt bridge links the 

two half-cells. In this case, positive and negative ions 
from the salt bridge can travel into the two solutions. 
This keeps the charge in balance. 
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66.5 In acell made from magnesium and lead half- 
cells, do the electrons move from the lead to the 
magnesium, or vice versa? 

66.6 A student made up a cell from silver and lead 
half-cells. She decided to use a salt bridge made from 
filter paper dipped in potassium chloride solution. 
Why was this a mistake? 

66.7 Using the notation we developed in section 
66.6, write down the cells made from the following 
combinations of half-cells: (i) S.H.E. and copper; (ii) 
zinc and silver; (iii) calomel and copper. In each case 
work out the e.m.f. of the cell. 

66.9 The electrochemical series 

Even though you may not have known about electrode 
potentials before reading this unit, you may have heard 
of the reactivity series. The series attempts to list the ele- 
ments in order of their reactivities. A number of dif- 
ferent reactions have been used to compare the 
reactivities of the elements. In Table 66.3 you will find a 
summary of the way Group I and II metals react with 
water. On the basis of information like this, we can 
attempt to draw up a provisional table of the relative 
reactivities of the metals in each group. For example, in 
Group I the reactivity increases down the Group. This 
also happens in Group II as well. If we start to compare 
between the two Groups, we can say that beryllium 
appears to be the least reactive, closely followed by 
magnesium. However, it becomes more difficult to 
compare, say, calcium with lithium. Indeed, there is a 
good reason why we are unlikely to fit the metals into a 
respectable order from the information. 

The problem with building up a reactivity series is 
that we can become confused between two important 
features of chemicals: their energetic stabilities and 
their kinetic stabilities. By looking at how the metals 
react with water we are observing how fast they react. 
Having done this, we tend to assume that the metal that 
reacts the fastest has the greatest energetic tendency to 
turn into products. However, this is not valid; the rate 
of a reaction does not tell us about energetics, and vice 
versa (see Unit 50). 

Table 66.3. The reactivity of the Group I and II 
metals with cold water 

Group I Nature of reaction Group II Nature of reaction 

Lithium Steady reaction Beryllium No reaction 
Sodium Quite violent Magnesium Very slow 

Potassium __ Violent, ignites Calcium Steady reaction 
Rubidium Very violent Strontium Steady reaction 

Caesium Explosive Barium Steady reaction 
_——————————————————— 
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The key thing we are seeking in the reactivity series is 
information, not about rates, but about the energetic 
stabilities of the elements and their compounds. 
However, the electrode potentials of the elements give 
us precisely this information. It is important that you 
understand that electrode potentials tell us about 
energetics, not about kinetics. If we draw up a table of 
the elements in the order of their electrode potentials, 
we obtain the electrochemical series. Part of the series is 
given in Table 66.4. Notice that it provides some sur- 
prises. For example, lithium is at the top, and calcium 
comes before sodium. The series is useful for predicting 
the outcome of certain types of reaction, but not all. 
Especially, the reaction that is being compared is 

M(s) + xH* (aq) > M** (aq) + (x/2)H,(g) 

For example, 

Na(s) + H* (aq) > Na* (aq) + 3H,(g) 
Ca(s) + 2H* (aq) > Ca** (aq) + H,(g) 

Table 66.4. Part of the electrochemical series 

Element Comment 

Lithium Greatest reducing nature 

Rubidium Greatest tendency to form positive 
Potassium ions in solution 
Calcium Most electropositive 
Sodium 
Magnesium 

Aluminium 
Zinc 

Iron 

Lead 

HYDROGEN Elements above hydrogen should dis- 
Copper place it from acids. Elements 
Iodine* towards the top will displace it from 
Mercury water 

Silver 

Bromine* Least electropositive 
Chlorine* Greatest tendency to form negative 
Gold ions in solution 
Fluorine* Greatest oxidising nature 

*The halogens, fluorine, chlorine, bromine and iodine, have 
been included in the series for completeness 

The electrochemical series is a good guide to predict- 
ing reactions that take place in solution, but not necess- 
arily otherwise. Especially, we can predict the results of 
displacement reactions in solution. Here is an example: 
What will happen if magnesium is added to a solution 
of silver nitrate? 

The electrochemical series tells us that 

Mg(s) + 2H* (aq) > Mg?* (aq) + H,(g); E®=—2.37V 
Ag(s) + H* (aq) Ag* (aq) +3H,(g); E®°=+0.80V 

The more negative the electrode potential, the greater is 



the reducing nature of the element, i.e. the more likely 
it is to give up electrons and act as a reducing agent. By 
comparison, the positive sign of E® for silver tells us that 
this metal has little reducing nature. Rather, it is better 
to regard its ions, Ag*, as oxidising agents. Thus, if we 
put magnesium metal into a solution containing silver 
ions, the magnesium (a good reducing agent) will react 
with the silver ions (reasonably good oxidising agent): 

Mg(s) + 2Ag* (aq) > Mg?* (aq) + 2Ag(s) 

We would see the magnesium dissolve and specks of 
silver metal take their place. If you do this reaction, you 
will find that, owing to their size, the silver particles 
look black. It is possible to grow crystals of silver by a 
displacement reaction. 

There is a general rule about predicting the course of 
displacement reactions. It is that: 

An element higher in the electrochemical 
series will displace one lower in the series. 

66.8 Which of the following should displace hydro- 
gen from an acid: copper, iron, lead, magnesium? 

66.9 What do you think of the following statements? : 

(i) Lithium is at the top of the reactivity series, so it is 
likely to be extremely violent in its reactions. 

(ii) Potassium is a long way above copper in the 
series, so if we add potassium to copper(i!) sulphate 
solution we would see copper metal displaced. 

66.10 With the halogens, we say that chlorine will 
displace bromine and iodine, bromine will displace 
iodine, but iodine will not displace either chlorine or 
bromine. For example, if you mix chlorine dissolved in 
water with a solution of an iodide, you will see the 
black colour of iodine appear: 

Cl,(aq) + 21” (aq) 2CI (aq) + I,(s) 

At first sight this seems to go against the rule that 
elements higher displace those lower in the series. 
Explain the source of the confusion. (Hint: look 
closely at this displacement reaction, and the one 
between magnesium and silver ions.) 

66.10 Some useful cells 

We make use of electrochemical cells in many ways, 
especially in batteries, e.g. in digital watches, in tran- 
sistor radios, in toys, and in cars and lorries. The dif- 
ference between a battery and a cell is simply that a 
battery is made up of two or more cells connected 
together. There are two sorts of battery. Primary bat- 
teries cannot be recharged. When they have run down 

they have to be thrown away. On the other hand, 
secondary batteries can be recharged. 

(a) Carbon-zinc dry cell 

One of the most common primary batteries is the car- 
bon—zinc dry cell. (We usually call it a battery, but there 
is only one cell in it.) It has a zinc case surrounding a 
paste made of water, zinc(11) chloride and ammonium 
chloride (Figure 66.7). This paste is in contact with a 
mixture of manganese(Iv) oxide and graphite powder in 
which rests a graphite rod. The changes that take place 
in the cell are complicated, but the chief reaction is 

Zn(s) + 2MnO,(s) + H,O(1) > 
Zn?* (aq) + Mn,O;(s) + 20H (aq) 

The cell has an e.m.f. of about 1.5 V. 

Metal cap (positive) 

Insulating washer 

Collar to keep rod in 
position 

<< Zinc cup (negative) 

Mixture of manganese(iv) 
oxide, graphite, ammonium 
chloride and zinc chloride 

Carbon rod 

Paper/card covering 

Metal cover (negative) 

Figure 66.7 The construction of a typical battery (strictly, a 
Leclanché primary cell) 

(b) Silver oxide-zinc cell 

One type of small button-shaped cell that is used in 
calculators and digital watches consists of a combina- 
tion of silver(I) oxide, Ag,O, mixed with potassium or 
sodium hydroxide, and zinc. The cell has an e.m-f. of 
around 1.6V. Provided the cell is used to supply small 
currents, e.g. a few milliamps, it can have a working life 
of over a year. 

Lithium is also used in button cells, but often for 
special purposes, e.g. in powering a pacemaker implan- 
ted into the chest of a person with heart disease. A 
combination of nickel and cadmium is another favour- 
ite for button cells. 
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Batteries come in many sizes reflecting their wide range of 
uses. 

(c) Lead-acid battery 

Lead—acid batteries are found in almost all cars and 
lorries. They are made from a combination of secondary 
cells, i.e. cells that can be recharged. A typical battery 
has two types of metal plate; one type has lead as its 
active ingredient, the other has lead(Iv) oxide, PbO,. 
The plates are separated by an inert material and 
immersed in a solution of sulphuric acid of density 
1.25 g cm ’. The PbO, plates are the positive electrodes, 
and the lead the negative electrodes. The reactions that 
go on in the cells are complicated, but it is thought that 
there are two main ones. At the negative plates: 

Pb(s) + SO? 7(aq)= PbSO,(s)/+2e2 

At the positive plates: 

PbO, (s) +.SO.75 (aq) 4H (aq) + 265 — 
PbSO,(s) + 2H,O(1) 

The reactions both go to the right when current is being 
drawn from the battery. That is, lead(m) sulphate, 
PbSO,, is made at both the negative and positive plates. 
However, this happens by two different processes, and 
for each mole of PbSO, made two moles of electrons 
travel through the external circuit. These are the 
electrons that, for example, make the lights, indicators 
and a car radio work. 
When a car or lorry moves, an electric current is 

generated by the alternator. This current is passed into 
the battery in the direction that forces the two reactions 
to go to the left. That is, the PbSO, is decomposed. In 
theory, at least, the charging and discharging can go on 
indefinitely. However, in practice, this is not so. The 
sulphuric acid decomposes, and has to be replaced; and 
in time the plates themselves change their structure. 
Eventually the battery becomes much less efficient and 
has to be changed. One of the worst things that can 
happen to a car battery is for it to spend most of its time 
in a discharged state. This causes so much PbSO, to 
build up that it is almost impossible to remove. A typical 
car battery provides a voltage of 12 V. This is not a large 
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A battery-powered vehicle. 

voltage, but the battery can provide a large current, e.g. 
over 10A, without being destroyed. 

(d) Fuel cells 

A fuel cell is a primary cell of a special type. The chemi- 
cals that produce electricity are constantly replaced as 
soon as they are used. The most well known type of fuel 
cell generates electricity from hydrogen and oxygen 
using platinum electrodes and a solution of an alkali. A 
simple version can be set up in a laboratory as shown in 
Figure 66.8a. Practical fuel cells have a different design 
(Figure 66.8b). At the negative electrode, electrons are 
released through the reaction 

2H,(g) + 40H~ (aq) > 4H,O(1) + 4e7 

The electrons released travel to the positive terminal 
where oxygen is used up: 

O,(g) + 2H,O(1) + 4e° > 40H (aq) 

Overall the change is 

2H2(g) + O2(g) > 2H,0(1) 

Not only does the cell produce a reliable supply of 
electricity, it also produces water. Both features have 
given hydrogen—oxygen fuel cells a use in space 
exploration. Other fuel cell systems have been investi- 
gated using different electrolytes and reactants. One of 
the aims of the research has been to find a system that 
could be used to power cars and other vehicles. There 
has been some success, with some experimental cars 
travelling at over 80 km h7!. However, the economics of 
fuel cells mean that they cannot as yet compete with 
petrol as a fuel. 

66.11 The zinc is the negative terminal of the zinc— 
carbon cell. Should we call it the anode or the 
cathode? 



(a) ray 

Hydrogen Oxygen 

Dilute Platinum 
sulphuric acid electrodes 

(b) Hot, concentrated 
potassium hydroxide 
solution 

Oxygen Hydrogen 
=i 

SS eS 
Oxygen Hydrogen 

and water 
vapour 

Porous carbon 
electrodes 

Figure 66.8 (a) A simple fuel cell, which can be made in the laboratory. (b) The essentials of a hydrogen—oxygen fuel cell 

Answers 

66.1 (i) Ebp2» is more negative than E‘~g+/ag; there- 
fore, the lead is the negative half-cell. 

(ii) The cell is drawn in Figure 66.9. 

(iii) The negative half-cell gives up electrons to the 
external circuit, so the reactions are 

Pb(s)— Pb?* (aq) + 2e7 
Cu?* (aq) + 2e- + Cu(s) 

Lead 
electrode Silver 

electrode 

Silver nitrate 
solution, _ 
1 mol dm 

Lead nitrate 
solution, ae 
1 mol dm 

Positive half-cell Negative half-cell 
on the right on the left 

Figure 66.9 The cell for the answer to question 66.1 

(iv) The reaction takes place in the direction 

Pb(s) + Cu?* (aq) Pb?* (aq) + Cu(s) 

As an equilibrium equation we have 

Pb(s) + Cu?* (aq) = Pb?* (aq) + Cu(s) 

66.2 (i) The zinc is the negative half-cell. 

(ii) The cell is drawn in Figure 66.10. 

Zinc 
electrode Lead 

electrode 

NRO 

SOK 

Lead nitrate 
solution, 

* Zinc sulphate 
solution _, a 
1 mol dm 1 mol dm 

Positive half-cell Negative half-cell 
on the right on the left 

Figure 66.10 The cell for the answer to question 66.2 
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Answers — contd. 

(iii) Zn(s)—> Zn?* (aq) + 2e7 
Pb?* (aq) + 2e- — Pb(s) 

(iv) Zn(s) + Pb?*(aq)— Zn?* (aq) + Pb(s) 
Zn(s) + Pb?* (aq) = Zn** (aq) + Pb(s) 

66.3 The zinc is the more negative electrode, so the 
reactions are 

Zn(s)— Zn** (aq) + 2e7 
2H* (aq) + 2e° > H,(g) 

The cell reaction can be written 

_ Zn(s) + 2H*(aq)— Zn?* (aq) + H2(g) 
or 

Zn(s) + 2H* (aq) = Zn** (aq) + H2(g) 

Notice that this confirms the fact that zinc gives hydro- 
gen with acid. 

66.4 ~The aluminium half-cell is the more negative. This 
is the electrode where atoms lose electrons, so oxida- 
tion takes place at the aluminium electrode. Thus 
aluminium is the anode, and silver the cathode. 

66.5 Magnesium is the more negative. This is the 
electrode that gives up electrons, so the electrons travel 
from the magnesium electrode to the lead electrode. 

66.6 The problem is that the chloride ions from the salt 
bridge will react with silver ions to make silver chloride, 

and with lead(I!) ions to make lead(i!) chloride. Both of 
these are insoluble, so the concentrations of the solu- 
tions in the two half-cells will change. The cells will no 
longer be at standard conditions. She should have used 
potassium nitrate solution. (The rule is ‘all nitrates are 
soluble’.) 

66.7 The cells are as follows: 

(i) Pt(s) | H(g),| H*(aq), |! Zn?*(aq), (s) 
1 atm | 1mol dm-? |! 1mol dm-? 

Een = ESnetzn— ESHe. = —0. 76V 

(ii) Zn(s) | Zn?*(aq), 1, Ag*(a a), (s) 
1 mol dm-? |}; 1 mol dm- 

E ea rs Eagring a ES n2+/2n 

= ey 76 V) = +1.56V 

(ii) Cu(s) | Gu?*(aq), 1 Cl- Hg.Cl,(s bess l) 
1mol dm?'' 1 AS ae 

Ee = EE igo2+ Hg Aveo = = +0.79 V- 0.34 V 

= +0.45V 

In cells (i) and (ii) the most negative half-cell is written on 
the left. In the case of the S.H.E. this is always written on 
the left even if it is the more positive half-cell. 

66.8 Copper is the only one below hydrogen in the series, 
and will not displace hydrogen. The others are above 
hydrogen and should displace it from solution. However, 
complications can occur. For example, moderately con- 
centrated nitric acid renders iron passive and hydrogen is 
not given off. 

66.9 (i) We must be careful about predicting rates of 
reactions from the electrochemical series. In fact, lithium is 
rather tame in many of its reactions. 

(ii) Right idea in theory; but potassium put into water will 
give a violent reaction with the water rather than with the 
copper(I!) ions. 

66.10 There are two things to be sorted out. The first is 
about the word ‘displacement’. This word is used when an 
ion in solution is turned into an element. We normally see 
the element as a precipitate, or at least giving a colour 
change in the solution. On this basis, just as magnesium 
will displace silver, so too chlorine will displace iodine. 

The second source of confusion is the nature of the 
changes taking place in the two reactions: 

Mg(s) + Ag*(aq) — Mg**(aq) + Ag(s) 
reducing oxidising 
agent agent 

Cl,(aq) + 2I1-(aq) — 2Cl-(aq) +1,(s) 
oxidising reducing 
agent agent 

The nature of the displacement is different. Chlorine dis- 
places bromine and iodine because it is a better oxidis- 
ing agent than they are. Magnesium displaces silver 
because it is a better reducing agent. If we stick to 
comparing reducing natures, iodine is the more powerful 
reducing agent than chlorine. 

66.11 The zinc loses electrons at this electrode. 
Therefore oxidation takes place here. It is the anode. 

UNIT 66 SUMMARY 

® Cell conventions: 
(i) A cell is made up of two half-cells. 
(ii) The cell e.m.f. is given by 

Eas Eight Bete 
(ili) The standard hydrogen electrode, S.H.E., is 

defined to have an e.m.f. of 0.000 V. 
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(iv) A standard electrode potential is measured 
with the S.H.E. as the left-hand half-cell. 

(v) The more negative electrode should be the 
left-hand half-cell. 

@ The more negative half-cell gives up electrons to the 
external circuit. 



@ Metals with the most negative electrode potentials higher in the series will displace a lower element 
are the best reducing agents. from solution; e.g. 

@ The electrochemical series, or reactivity series, is a 
list of elements in the order of their reducing 
power. In displacement reactions, an element 

Zn(s) + Cu** (aq) > Zn?* (aq) + Cu(s) 
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67 
Cells and concentration changes 

67.1 How cell e.m.f.s change with 
concentration. 

You may remember that under standard conditions the 
concentrations of ions in a cell have to be 1 mol dm=? 
(strictly, unit activity). The reason is that cell e.m-.f.s 
change when the concentrations of the ions change. 
You can see how this happens for yourself if you set up 
a Daniell cell and change the concentration of the solu- 
tion in either the zinc or the copper half-cell. For exam- 
ple, you might keep the zinc ion concentration fixed at 
Imol dm~’, and use solutions of copper(i) sulphate 
with concentrations varying between 1 and 107° mol 
dm~*. (The easiest way of doing this is by gradually 
diluting the 1 mol dm~? solution.) Table 67.1 provides 
some typical results. 

Table 67.1. How the e.m.f. of a Daniell cell varies 
as the concentration of copper() ions changes* 

Concentration of Fey! V Ecu2t/culV 
Cu?* (aq)/mol dm~? 

1.0 eit 0.340 

0.1 1.070 0.310 

0.01 1.041 0.281 

0.001 1.011 0.251 

0.000 1 0.982 0.222 

0.00001 0.953 0.193 

0.000 001 0.923 0.163 
eee A a Ee 

*The zinc ion concentration is constant at 1 mol dm7~?. In this 
cell we have Boey = Ecuz+;cu—EPy2+/zn and EP 2+;7n = 
—0.76 V. Notice that we do not write the standard sign for 
Eeey and Ecy2+/cu because the concentration is not kept at 
1 mol dm~? 

You might like to plot a graph to show how Eeyo/cu 
varies with the concentration of copper(il) ions, 
[Cu’*(aq)]. This is best done using a computer. You 
would find that a straight line graph is obtained if 
Eewricu IS plotted against In[Cu**(aq)] or lg[Cu?* (aq) ]. 
Such a graph is shown in Figure 67.1. 

400 Physical Chemistry 

Ecutticul V 

In[Cu**(aq)]} 

Figure 67.1 A graph of Equi, against In[Cu?*(aq)] shows 
how the electrode potential changes as the concentration of 
Cu** ions varies 

We are not in a position to prove it, but the equation 
for the line is 

RT 
Eousicu = EGuricu + oF In[Cu’* (aq) ] 

where R is the gas constant, T the Kelvin temperature 
and F the faraday of electricity. The presence of the ‘2’ is 
due to the fact that 2 mol of electrons are transferred if 
Imol of copper() ions are converted into copper 
metal. 

In a general reaction 

M”* (aq) + ne~ = M(s) 

n moles of electrons are transferred and the equation 
becomes 

IRIE i 
Eygntim = Eon + nF In[M”* (aq)] 

which is known as the Nernst equation. 
If you put in the values of R and F and take T=298K, 

we have 

0.026 pO) 
Eyn+im PP, Mr+/M a In[M"* (aq) ] 



where we are using natural logarithms. Alternatively, 

0.059 SS oASS 
rain tat E Mrt+/M ty Ig[M”* (aq) ] 

if we use logarithms to the base 10. 
For convenience the units (volts) of the constants 

0.026/n and 0.059/n have not been written into the 
equations. Either of these equations is extremely useful. 
One reason is that, as you will find in the next section, 
each can be used to determine equilibrium constants. 

67.2 How to work out equilibrium 
constants from cell e.m.f.s 

Let us use the Daniell cell, and apply our new equation 
to each half-cell. If we put n= 2, and 0.059/2 =0.029, 
we have 

Eoyrtjcu = ECu2+icu + 0.029 lg[Cu** (aq)] 

Bzn2+/2n = EG a2 /2n at 0.029 Ig[Zn?** (aq) ] 

Now, we know that 

Beet = Eeu2+icu ~ Ezn2+/2n 

so 

Been = ECu+icu + 0.029 Ig[Cu** (aq)] — BGn2+/2n 

— 0.029 lg[Zn?* (aq)] 

ee ee iz, F 0.029, 10(Cur (aa)} 

— Ig[Zn** (aq)]} 

[Zn**(aq)] = By — 0.029 lg | ——_——— Boe = Fen 9 s(t) 

From this equation we can calculate the e.m.f. of a 
Daniell cell with any concentration of zinc ions and 
copper(II) ions. 

Now let us think about what happens to a Daniell cell 

Panel 67.1 _. 

Establishing equilibrium constants from 
e.m.f.s 
Stage 1 Write down the cell reaction. 
Stage 2 Write down the value of n, the number of 

moles of electrons transferred. 
Stage 3 Work out E£%.y). 

Stage 4 Write down the equilibrium constant for 
the reaction. 

Stage 5 Put Ee, = = Ig K. 

‘Stage 6 Calculate K.= = antilogink® ce 0-029) 
Stage 7 Put in the units of K.. _ 

if we use it to do some electrical work. For example, we 
could connect it to a small electric motor. We know that 
after some time the motor will stop. We would say that 
the cell had run down (just as an ordinary battery wears 
out). When this happens £,,,,= 0 and there is no overall 
transfer of electricity from one half-cell to the other. 
When there is no overall change taking place in a 
chemical reaction, equilibrium has been established. That 
is, we can write a condition for equilibrium in a cell 
reaction: 

At equilibrium E..1 = 0 

Returning to the Daniell cell, this condition tells us 
that 

0=E°,, — 0.029 lg (ae 
[Cu?* (aq)] 

So 

= 0.029 Ig (eo) 
te [Cu** (aq) ] 

If you have read Unit 51 you will recognise that the 
equilibrium constant for the Daniell cell reaction 

Cu** (aq) + Zn(s) > Cu(s) + Zn?* (aq) 

x — [2n?* (aq) 
Cc 

[Cu’* (aq) ] 
Therefore we have 

E®,, = 0.029 lg K, 
Ig K.=1.1V/0.029 V 
K.=antilog(1.1/0.029) = 1.94 x 1027 

This large value tells us that the equilibrium lies almost 
entirely in favour of copper metal and zinc ions. 
We can generalise our work on the Daniell cell to 

include any combination of cell reactions. The recipe is 
shown in panel 67.1. 

Example 1 
The cell 

(s) |Cu?*(aq) 1 Ag (aq) | Ag(s) 

has Bo ..4,- 70.80V and Btujc.= £0.34V. The 
cell reaction is 

2Ag* (aq) + Cu(s) > 2Ag(s) + Cu?* (aq) 

for which n= 2. Also, 

Een = =B% Agt/Ag — Beuica = TO46V 

and 

__ [€u** (aq)] 

[Ag*(aq)]? 
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Panel — cont. 

Finally, 

K.=antilog(2 x 0.46/0.059) 
= 3.9 10’? mol! dm? 

Example 2 

The cell 

Pt(s) | Fe**(aq), {| Cr’*(aq), 
Fe**(aq) 11 Cr,0,?" (aq), H*(aq) 

Pt(s) 

has E%,,o2co= $1.33 V and Be....., =+0.77V. The 
cell reaction is 

6Fe** (aq) + Cr,0,?" (aq) + 14H* (aq) > 

6Fe** (aq) + 2Cr** (aq) + 14H,O(1) 
for which n= 6. Also, 

— E25. pers = +0.56V ne eee 11S g S 
E cell = E Cr2072-/Cr3+ 

and 

ce [Fe** (aq) ]®[Cr** (aq) ]? : 
[Fe** (aq) ]°[Cr,0,7- (aq) ] [H* (aq) ]'* 

Finally, 

K.= antilog(6 X 0.56/0.059) 
= 8.9 X 10°°mol ? dm?? 

Here the units are those of (concentration)® divided by 
(concentration), i.e. (concentration) ~!?. 
The value of K,. is so large that for all intents and 

purposes all the iron(1l) ions would be converted into 
iron(lI) ions. 

Note: Your calculator may not cope with finding the 
antilog(6 X 0.56/0.059), i.e. antilog(56.949). If not, you 
might know that this antilog is the same as 10°°949. We 
can write this as 10°°x 10°49. You will find that 
10°°4° = 8.89. Hence our answer is about 8.9 x 10°°. 

In a redox half-cell like Pt(s)|Fe**(aq), Fe?*(aq), the 
cell e.m.f. is given by 

3+ 

Epe3+/pe2+ = EGes+/pe2t + 0.059 (Foes | 
[Fe**(aq)] 

If the reaction involves the transfer of mmol of 
electrons (rather than 1 mol as in this case) we have to 
divide the factor 0.059 by n. Notice that if we compare 
iron(II) ions with iron(i) ions, the iron(m) ions are the 
oxidised form, and the iron(i) ions are the reduced 
form of the ions. This might help you to see why there is 
a general way of writing down the e.m.f. of a half-cell, 
like this: 

Brg E tis ox/red ~~ *~ ox/red 

0.059 eee cam) 

n [reduced form] 

Warning: some people prefer to write this equation as 

cakes 0.059 [reduced form] 
Eo ered =H O%/ Eds ie te eae l =a Oe 

[oxidised form] 

so when you consult other books, make sure you know 
which version is being used. 

In some half-cells, hydrogen ions appear, for example 
in the reaction 

Cr,0,*- (aq) + 14H* (aq) + 6e7 > 2Cr?* (aq) + 7H,O(1) q 
Oxidised form reduced form 

In such cases the hydrogen ions are included as one of 
the ‘oxidised forms’. In this case, 

Beas = 

2- 

1S ee palele lg [Cr,0,*" (aq)] [TH (aq)]* 

6 [Cr** (aq)]? 
You can also see that we obey the same rules as when 
writing down equilibrium constants. That is, we raise 
the concentrations to the appropriate power given by 
the number of moles in the equation. In addition, the 
convention is that we ignore the concentration of water 
when the reactions take place in aqueous solution. 

67.1 Write down the equation that shows how the 
e.m.f. of the cell 

Ce(s) | Ce** (aq) 11 Cr°*(aq) | Cr(s) 
changes as the concentrations of chromium(l!) and 
cerium(IIl) ions change. 

67.2 Given that Egeic-=—0.41V and Egesiice 
= —2.33 V, calculate the value of the equilibrium con- 
stant for the reaction 

Ce(s) + Cré*(aq) = Ce** (aq) + Cr(s) 

67.3 We discovered that the e.m.f. of a Daniell cell 
is given by 
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E. cell = E°,,, 0.029 Ig coe 
ies [Cu?*(aq)] 

We also know that Ee, =+1.1V. 

(i) Calculate E,,,, when [Zn?*(aq)] = 2.0 mol dm-3 and 
[Cu** (aq)] = 0.5 mol dm-°. 

(ii) What is E,., when [Zn?*(aq)]=0.4 mol dm-° and 
[Cu**(aq)]=0.1 mol dm~*. Before reaching for your 
calculator, take a careful look at the formula for E,.y 
and your answer to (i). Do you need to do the 
calculation? 

67.4 Write down the expression for the cell e.m.f. for 
the reaction 



MnO, (aq) + 8H*(aq) + 5e~ > Mn?* (aq) + 4H,O0(I) 

Briefly explain why the oxidising power of 
manganate(vil) ions is quite sensitive to the con- 
centration of hydrogen ions in the solution. 

67.5 The cell 

Ni(s) | Ni?*+(aq), 1 mol dm-$ fH Pb?* (aq) | Pb(s) 

is made up. The nickel(I!) ion concentration is kept at 
1 mol dm~ but the concentration of lead(i!) ions in the 
other half-cell is changed. The e.m.f. of the cell is 
measured, and the results are found to be as follows: 

[Pb?*(aq)]/mol dm-$ : 
10> > Ome 10m Ome |Ome 

Eeen/V 

0.091 0.061 0.032 0.002 —0.028 —0.057 

(i) Plot a graph of E,.,, against Ig[Pb?*(aq)] using the 
axes arranged as shown in Figure 67.2. 

You can use this graph to work out the standard 
e.m.f. of the cell, and the equilibrium constant for the 
reaction. Here is the method. 

The cell reaction is 

Pb?* (aq) + Ni(s) > Pb(s) + Ni#*(aq) 

for which 

Ea = Een cell cell 
2 

Ses NEN 
[Pb**(aq)] 

(ii) Rewrite the equation for this cell, in which 
[Ni?* (aq)] = 1. 

(iii) At standard conditions, we know _ that 
[Pb**(aq)]=1. What is the value of Ig[Pb?*+(aq)] at 
standard conditions? 

(iv) What is the relation between E,,, and E%.,, at 
standard conditions? 

(v) Show how you can extend (extrapolate) the line 
on your graph to measure E%,,. What value do you 
get? 

67.3 Concentration cells 

We have discovered the way in which cells change their 
e.m.f.s when concentrations change. Now look at the 
cell in Figure 67.3. At first sight we might expect a cell 
made from two half-cells both containing copper elec- 
trodes dipping into solutions of copper(II) ions to have a 
zero e.m.f.; but this is true only if the concentrations of 
the two solutions are identical. If the concentrations are 
different, then there will be an e.m.f. The reaction in the 
cell takes place in order to reduce the difference in 
concentrations. Equilibrium is achieved when the two 

Figure 67.2 Scale for the graph to be drawn in question 

67.5 

(vi) We also know that, at equilibrium, E,., =0. What 
is the value of Ig[Pb?* (aq)] when this happens? What 
is the value of [Pb?*(aq)] at equilibrium? 

(vii) Write down the expression for the equilibrium 
constant, K,, of the reaction. You should now know 
the values of the concentrations, so calculate the 
value of K,. 

concentrations are equal: the higher concentration is 
reduced, and the lower concentration is increased. 

In the half-cell where the original concentration of 
copper(il) ions is low, the reaction increases the con- 
centration of copper(II) ions by the reaction 

Cu(s) > Cu?* (aq) + 2e7 
(lower concentration reaction) 

In the other half-cell, the reaction converts the cop- 
per() ions into copper metal. That is, the reaction is 

Cu?t (aq) + 2e7° > Cu(s) 
(higher concentration reaction) 

It is the first reaction that gives up electrons to the 
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(a) 

Copper 
electrode Copper 

electrode 

XN <4 
oo 

eR 
<x es 

7 SOK xO 
Saturated potassium 
chloride solution 

N 
x x x 

& 7 
x) ws KO KX vas 

Silver electrode 
coated with 

Copper(|) Copper(|i) silver chloride 
sulphate sulphate 
solution, _ solution, 
1 mol dm : not with _ Thin walled glass 

conceniration bulb 

1 mol dm 

Figure 67.3 This is an example of a concentration cell. It will 
have an e.m.f. that depends on the difference in concentration (b) Reading on voltmeter 

is a measure of pH of the two solutions of copper(ii) sulphate 

system, so this is the left-hand half-cell, as shown in the 
diagram. 

Cells like this are known as concentration cells. It is a Reference 
general rule that in a concentration cell: sietous 

Glass 
electrode 

a 

KM 

CLM 

The negative half-cell has the lower con- 
centration of ions. 

CKO CEES 
x x The positive half-cell has the higher con- 

centration of ions. <~ 

a ee 
\Z 
2 eS The cell reaction proceeds in the direction 

that equalises the concentrations in the 
half-cells. 

oS 
x ws K> Pat as 

Solution whose 
pH is to be 
found 

67.6 A cell is made by linking two half-cells each 
containing a silver electrode dipping into 1 mol dm-3 Figure 67.4 (a) A simple glass electrode. (b) The glass 
silver nitrate solution. What will be E,.,? Some electrode must be used together with another half-cell 

sodium chloride solution is added to one of the half- 
cells. What happens to E,.,. What reactions take The electrode consists of a silver wire coated with 
place in the negative haltcell and in the positive silver chloride dipping into a saturated solution of pot- 
half-cell? assium chloride. If this electrode is placed into a solu- 

tion containing hydrogen ions, an e.m.f. is set up across 
the surface of the glass bulb. 

The e.m.f. of a glass electrode is given by an equation 
like this: 

67.4 pH and the glass electrode E=constant + 0.059 lg[H*(aq)] 

We know that the e.m.f. of a cell changes as the con- The definition of pH 1s 
centration of the ions in the cell changes. A glass 
electrode is an electrode system that changes its e.m.f. 
as the concentration of hydrogen ions varies. A typical 
arrangement for a glass electrode is shown in Figure 
67.4. E= constant — 0.059pH 

pH = —lg[H* (aq)] 

SO 
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This dips into the 
Saturated second half-cell 
potassium 
chloride 
solution 

Ealomel Platinum electrode 

baste Mercury 

Figure 67.5 A calomel cell consists of a platinum electrode 
dipping into mercury in contact with calomel (dimercury(!) 
chloride, Hg2Cl,) and potassium chloride solution. Usually the 
solution is saturated with potassium chloride. The cell has an 
e.m.f. of 0.246 V at 25°C 

In other words, the e.m.f. of a glass electrode is a direct 
measure of the pH of the solution in which it is put. 

If we are to determine the e.m.f. we need to complete 
the cell using another reference electrode. Often, but 
not always, this is a calomel half-cell, which consists of 
a platinum electrode in contact with mercury, 
dimercury(I!) chloride and a solution of potassium 
chloride (Figure 67.5). 

Usually it is more convenient to use a combination 
electrode. A typical one is shown in the photo and in 
Figure 67.6. The idea behind a combination electrode is 
that the glass electrode and a reference half-cell are 
arranged in one piece of equipment. The e.m.f. of the 
cell can be measured using a digital voltmeter; but more 
often the e.m.f. is converted into a pH reading using a 
pH meter. 

In practice, it is quite difficult for a pH meter to 
measure pH very accurately. One reason for this is that 
the glass electrode tends to change its e.m.f. over a 
period of time; it is also affected by changes in 
temperature. However, for everyday use it is ideal. 
Before it is used the electrode should always be placed 
in a buffer solution (see Unit 75) whose pH is known. 
The reading on the pH meter can then be adjusted 
accordingly. 

67.7 The pH of a solution of hydrochloric acid was 
found to be 1.5. What was the hydrogen ion 
concentration? 

4 
METRONM | 632 pH-Meter 

A typical pH meter and electrode. 

Leads connect to voltmeter 

Silver/silver chloride electrode 

Hydrochloric acid, 0.1 mol dm? 

Porous barrier 

Silver/silver chloride electrode 

Saturated potassium chloride solution 

Figure 67.6 One type of combination electrode for measuring oor 

Cells and concentration changes 405 



Answers 

Ree e050 aoe 
67.1 Econ may cell a | aN oe Re 3 Weare) 
67.2 Weuse 

_ 0.059 jee _ 0.059 la K 
oS hia ae g Tyre ae SFr iets ae g (5 

3 [Cr°*(aq)] 3 

2 SX Eco 
0.059 

c 

Also, 

a SS Bac — IBA ohare “= —0.41 V =F ZOOS V = +14 92 V 

Putting this value into the equation gives us the result 
K,= 4.2 Xx 10%’ (no units). 

67.3 (i) Eey = +1.1 — 0.029 Ig(2/0.5) = + 1.082 V. 
(ii) We do not need to do another calculation. The for- 
mula for E,., shows that its value depends on the 
logarithm of the ratio of the two concentrations. The ratio 
in part (i) is 2.0:0.5, or 4:1. The ratio 0.4:0.1 is also 4:1; 
so E.., remains the same, 1.082 V. 

ees 
67.4 Exinog ine = Enos mine 

40.059 jg (ino foal eal) 
5 [Mn**(aq)] 

The expression shows that the e.m.f. depends on 
Ig[H*(aq)]®, which is equal to 8 Ig[H*(aq)]. Therefore, the 
e.m.f., and hence the oxidising power, changes appreci- 
ably when [H*(aq)] changes. 

67.5 (i) The graph is shown in Figure 67.7. 

(ii) You need to know that Ig(1/x) = —Ig(x). Applying this 
to the equation, we find E,., = EG. + 0.029 Ig[Pb** (aq)]. 

(iii) Ig[Pb?*(aq)] =0 when [Pb**(aq)] = 1. 

(iv) ES ma lepers 

(v) See Figure 67.7. The theoretical result is +0.12V. 
Your value is unlikely to be exactly the same, but it 
should be close. 

(vi) When E,,,=0 the line you have drawn crosses the 
Ig[Pb** (aq)] axis. You should find that this happens near 
Ig[Pb?*(aq)]=—4.1. Taking the antilog, we find 
[Pb?* (aq)] = 7.9 x 10°°mol dm“. 

jot =3 

(vii) RosINSeda. eimolan > Meise. 104. 
[Pb**(aq)] 7.9 x 10~>mol dm? 

Your value will probably be different to this one, but not 
greatly so. The accurate value is K,= 1.17 x 10%. 

67.6 When the concentrations are equal, E,.,=0. 
When sodium chloride solution is added, silver chloride 
will be precipitated. Therefore the concentration of silver 
ions is reduced in this half-cell. The difference in con- 
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The value 
of E,o here 
equals EG, 

0 
+1 

Ig[Pb* * (aq)] 

Figure 67.7 The graph for the answer to question 67.5 

centrations means that E,., is no longer zero. The reac- 
tion in the half-cell with the lower concentration of silver 
ions will be 

Ag(s)— Ag*(aq) + e~ 
because this will increase the concentration again. This 
reaction gives up electrons to the system, so this is the 
negative half-cell. In the positive half-cell the reaction 
will be 

Ag*(aq) + e — Ag(s) 
because this removes silver ions from the solution, and 
lowers the concentration. 

67.7. 1.5=-—lIg[H*(aq)], so [H*(aq)]=antilog(—1.5), 
i.e. [H*(aq)] =3.2 x 10°? mol dm °. 



UNIT 67 SUMMARY 

© Cell e.m.f. changes with the concentration of an ion @ The glass electrode has an e.m.f. that changes with 
according to the equation: hydrogen ion concentration, and is used to 

measure pH: &=constant—0.059pH, where 

RT ne pH = —lg[H*(aq)]. 
Exim = ESansim +7 I [M (aq) e Establishing equilibrium constants from e.m.f.s: 

(i) Write down the cell reaction. 
or (ii) Write down the value of 1, the number of 

moles of electrons transferred. 
0.026 i iii) Work out F®.,. 4 =f? CAE In[M”*(a (ili) cell 

Exam = 2 mein + [mag] (iv) Write down the equilibrium constant for the 
reaction. 

or (v) Put B&n = (0.059/n)lg K.. 

0.059 s (vi) Calculate K.=antilog(nE®.,/0.059). 
Eyansim = Ensim + —— Ig[M"* (aq)] (vii) Put in the units of K.. 
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Corrosion 

68.1 An example of corrosion 

We can think of corrosion occurring whenever a metal 
surface is destroyed by being converted into a com- 
pound. The most common example is iron turning to 
rust. There is a connection between corrosion of iron 
and electrochemical cells. To see what this connection 
is, we shall start by looking at another example of corro- 
sion. This is the wearing away of zinc in acid. 

The electrode potentials that we drew up in Table 
66.1 tell us the relative reducing (and oxidising) powers 
of the metals. We know, for example, that, because 
ES.2+17n = —0.76V, zinc should reduce hydrogen ions 
and give off hydrogen from an acid: 

Zn(s) + 2H* (aq) — Zn** (aq) + H,(g) 

Similarly, because B@y2+;cy = +0.34V, copper should 
not be able to release hydrogen from an acid. If you 
were to put a few zinc granules or a zinc rod into dilute 
sulphuric acid, you would find hydrogen is given off, 
but only very slowly. If you were to add copper turn- 
ings, or a copper strip, to another sample of the acid, no 
hydrogen at all would be given off. Both observations 
confirm the predictions from cell e.m.f. values. 

An interesting thing happens if you put the zinc rod 
and the copper strip into the same solution of acid and 
connect them with a conducting wire (Figure 68.1). 
Hydrogen is given off very rapidly from the copper. 
What happens is this: In the same way as in a conven- 
tional cell, the electrons travel round the external 
circuit to the copper. At the copper, hydrogen ions from 
the acid are reduced. The reactions are 

Zn(s) > Zn** (aq) + 2e7 
2H* (aq) + 2e7 > H,(g) 

at the zinc 
at the copper 

The overall reaction is the same as if the copper were 

absent: 

Zn(s) + 2H* (aq) > Zn?* (aq) + H,(g) 

The reason why the hydrogen appears at the copper 
is complicated, and to do with a phenomenon known as 
overpotential (or overvoltage). We shall talk about over- 
potential in Unit 72 on electrolysis; for the present we 

408 Physical Chemistry 

gow of electr, ns 

Dilute 
sulphuric 
acid 

Figure 68.1 When a strip of zinc is connected to a strip of 
copper, and the two strips are placed into acid, hydrogen is 
given off from the copper. The zinc dissolves, and the 
electrons ‘lost’ travel round to the copper. At the copper, 
hydrogen ions in the acid combine with the electrons to make 
hydrogen gas 

shall just accept that it is easier for hydrogen to be given 
off from the copper. 

This simple experiment shows that zinc will be cor- 
roded much more quickly in acid if it is connected to 
copper. In fact we do not need to join the zinc and 
copper by a wire. It is easier to place them directly in 
contact. This is what happens in the laboratory prepara- 
tion of hydrogen. Zinc granules are placed in dilute 
sulphuric acid. A little copper(l) sulphate is added, 
which has the effect of increasing the rate at which 
hydrogen is given off. Often it is said that the copper(II) 
sulphate is acting as a catalyst; but this is not strictly 



true. Rather, what happens is that a little of the zinc 
displaces copper from the solution: 

Zn(s) + Cu?* (aq) > Zn?* (aq) + Cu(s) 

The copper coats portions of the zinc, and provides the 
path for the hydrogen to be given off. Instead of the 
electrons wandering round an external circuit, they 
pass directly from the zinc to the copper coating. 

68.2 The rusting of iron 

You may have performed some simple experiments to 
show that iron rusts only when there is water and 
oxygen present. Rust is a complicated material that 
contains various types of hydrated iron(m) oxide, 
Fe,O,:xH,O. (The number of moles of water, x, varies.) 
Iron begins to rust at places on its surface where there is 
an impurity, or where the iron lattice has imperfections. 
At these points some iron atoms produce iron(II) ions in 
solution. (We saw this type of behaviour in the work on 
electrode potentials, in Unit 66.) The reaction is 

Fe(s) — Fe?* (aq) + 2e7 

which shows that the iron suffers an oxidation. You 
may remember that an electrode where oxidation 
occurs is called the anode. As the iron(II) ions move 
away from the anode region they meet hydroxide ions 
and produce iron(i) hydroxide: 

Fe?+ (aq) + 20H (aq) > Fe(OH),(s) 

It is the dissolved oxygen that oxidises the iron(I!) 
hydroxide to the complicated substance we call rust: 

Fe(OH),(s) + dissolved oxygen— rust, Fe,0;-xH,O 

In the water there are hydrogen ions, especially if the 
water is at all polluted by gases such as sulphur dioxide. 
At a neighbouring point on the surface of the iron the 
hydrogen ions take up the electrons liberated from the 
anode area: 

2H* (aq) + 2e° > H,(g) 

This is a process of reduction, so we can call the place 
where it occurs the cathode. The hydrogen produced at 
the cathode also reacts with dissolved oxygen to make 
water. 

Figure 68.2 illustrates the fact that iron rusts at the 
anodic area. If a drop of water covers an iron surface, 
the anodic region will be found near the centre of the 
drop, and the cathode at the edges. One reason for this 
is that there will be more oxygen dissolved from the air 
near the edges of the drop. Therefore, initially more rust 
will be made at the edges than at the centre. The layer 
of rust at the edges tends to prevent further corrosion 
taking place there. However, nearer the centre of the 
drop, where there is less oxygen, the iron() ions have 
time to float away from the surface, and rust particles 
are not made directly at the surface. This means the 
surface does not become coated with rust, so further 
corrosion can take place. This is why even a small break 
in the paintwork of a car can, in time, produce an enor- 
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OH, 2+ Fe2* Fe(OH)> 
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Figure 68.2 Three stages in the rusting of iron. (a) Fe?* ions 
go into the water and make Fe(OH). with OH” ions present in 
the water. Each Fe?* ion leaves 2e~ in the metal lattice. (b) At 
the surface of the drop there is more oxygen dissolved. Here 
rust is made. Where Fe atoms have made Fe?*, holes appear 
in the lattice. (c) The electrons released combine with H* ions 
in water to give H, gas 

mous amount of corrosion under the paint some dis- 
tance from the original blemish: the greatest amount of 
corrosion occurs some distance from the region where 
the most oxygen is available. 

68.3 How does a layer of zinc 
prevent iron rusting? 

If iron is dipped into molten zinc (at about 450°C) it 
gains a layer of zinc over its surface. Iron with its layer 
of zinc is said to be galvanised. There are two reasons 
why the zinc prevents the iron rusting away. The first, 
most obvious, reason is that it prevents water or oxygen 
reaching the iron. The second, more interesting, reason 
is that even if the zinc becomes partially worn away, it 
still prevents rusting. Figure 68.3 will give you an idea 
of why this happens. 

A somewhat similar situation arises to the zinc and 
copper that we met in section 68.1. In that case the 
copper was not worn away; rather, it provided a path 
for the reaction of zinc with hydrogen ions to give off 
hydrogen successfully. So it is with zinc and iron. Zinc 
has a more negative electrode potential than iron. (The 
values are E924 /7n = —0.76 V, EGeoe = —0.44 V.) There- 
fore, zinc will react according to the equation 

Zn(s)— Zn** (aq) + 2e— 
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CATHODIC 
REGION 

IRON 

Figure 68.3 A layer of zinc prevents iron from rusting. Instead 
of Fe?* ions going into solution, Zn?* ions are lost from the 
zinc. The electrons released into the lattice join with hydrogen 
ions in the water to make hydrogen. The hydrogen is produ- 

ced at the iron surface. 

and zinc is the anode. Zinc ions are converted into zinc 
hydroxide by hydroxide ions in the water. The electrons 
travel directly between the zinc and the iron, which in 
this case is the cathode. Where the iron is exposed to 
the surrounding water, hydrogen ions pick up the 
electrons: 

2H* (aq) + 2e° > H,(g) 

The point is that the iron remains unaffected; it is pro- 
tected from corrosion. 

68.4 Why does tin protect iron from 
corrosion? 

The enormous variety of ‘tin cans’ that are used for 
preserving foodstuffs, beer and so on shows that tin is 
very handy for protecting iron or steel. It is possible to 
plate steel with a very thin layer of tin much more 
easily than it is to plate with zinc. Also, tin is less reac- 
tive than zinc, so it is less likely to dissolve in liquids 

stored in the cans. 
However, tin is not so effective as zinc in preventing 

corrosion. The electrode potentials are FYe..jp. 
=—0.44V, Eo i+j5,=—0.14V. The iron is the more 
negative, so it behaves like the zinc in the previous 
example. The iron becomes the anode, at which the 
reaction 

Fe(s) — Fe?* (aq) + 2e— 

takes place. This tells us that the iron will dissolve. That 
is, it will corrode and the iron(l) ions go on to make 
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rust. You can see that tin only protects iron provided 
the tin is not holed. Zinc continues to protect iron even 
if it is holed. 

68.1 Why do you think the zinc on galvanised iron is 
sometimes called a sacrificial anode? 

68.2 Explain why blocks of magnesium can be 
attached to the hulls of ships or attached to iron 
pipes with the aim of 
(ENig2+mg = —2-37 V.) ' 

preventing — rusting. 

68.3. Why is it that, given enough time, corrosion will 
always defeat the protection applied to iron? 

68.4 Let us do a very rough calculation on corro- 
sion. Suppose a car contains 100kg of steel (iron), 

and that 1000 cars are rusting away in a dump. 
Assume the formula of rust is Fe,0,-3H,0. What is 
the mass of rust made when all the cars have com- 
pletely rusted away? 

Answers 

68.1 You should now know that the zinc acts as an 

anode. The zinc is worn away before the iron; therefore 
it is ‘sacrificed’ instead of the iron. 

68.2 Because magnesium has a more negative 
electrode potential than iron, it behaves in the same way 
as zinc. The magnesium will wear away before the iron. 

68.3 Eventually the layer of zinc on a piece of iron will 
be worn away owing to the reaction taking place at its 
surface. Once this happens, the iron will rust away. Even 
if the zinc is not holed, eventually it will be worn away 
through use and the iron exposed. Similarly, paint will 
eventually be worn away owing to weathering. Decay 
and corruption get iron, and us all, in the end! 

68.4 One mole of Fe,0,:3H,O contains 2x 56g 
=112g of iron, 6x 16g=96g of oxygen, and 6x1g 
=6g of hydrogen. Total, 214g. Therefore, 1g of iron 
would produce (19/112g) x 214g=1.911g of rust. In 
other words, the mass of rust produced from 10-*kg 
of iron is 1.911x10-*kg. Thus, we have that the 
mass of rust from 100kg of _ steel is 
1.911 x 10-°kg x 100 kg/10°-* kg = 191.1 kg. From 1000 
cars, there will be 191.1 x 10%kg, a significant pollution 
problem! 



UNIT 68 SUMMARY 

e Rusting of iron is an example of corrosion. Rusting e Rusting of iron is prevented by a layer of zinc, or 
takes place in the presence of air (oxygen) and other reactive metal, which acts as a sacrificial 
water. Rusting occurs at the anodic region: anode. 

(i) Fe(s) > Fe?* (aq) + 2e7 
(ii) Fe?*(aq) + 20H (aq) > Fe(OH),(s) 

(iii) Fe(OH),(s) + dissolved oxygen— 
rust (Fe,03-xH,O) 
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Cells and thermodynamics 

69.1 The link between free energy 
and cell e.m.f.s 

In Unit 66 we discovered that a Daniell cell is a method 
for making the chemical reaction between zinc and cop- 
per(il) sulphate solution do useful work: 

Zn(s) + Cu?* (aq) > Zn?* (aq) + Cu(s); 
AG? =—=2121 ks mol? 

We said that the free energy change in the reaction tells 
us how much work can be done by the cell. Indeed, we 
can link the free energy change to the cell electromotive 
force (e.m.f.). The e.m.f. measured when the chemicals 
in the cell are at standard conditions is the standard 
e.m.f., E®. The connection between E®% and AG® for the 
Daniell cell is 

AG? = —2FE? 

Here F is the faraday of electricity, and has a value 
9.649 x 10* C mol™’. It tells us the quantity of charge 
carried by 1 mol of electrons. The 2F in the equation 
represents the charge carried by 2mol of electrons 
transferred between the zinc and copper(I) ions. 

In general a cell reaction can involve n mol of 
electrons being transferred. In this case,. 

AG® = —nFE? 

There are several uses for this equation. If we know the 
value of AG®, we can calculate E®%; alternatively if we 
measure E® we can discover the size of AG®. Examples 
of each method follow in the next two sections. 

69.2 Calculating standard e.m.f.s 
from free energy values 

We shall calculate the e.m.f. of a cell in which the reac- 
tion is 

Cu(s) + 2Ag* (aq) > Cu?* (aq) + 2Ag(s); 
AG®=—89.2kJ mol! 

Here 2 mol of silver ions, Ag*, are converted into 2 mol 
of silver atoms. Therefore, 2 mol of electrons must be 
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transferred, and we have n=2 in our equation 
AG®=-—nFE®. So 

—89.2 x 10?J mol”! = —2 X 9.649 X 10*C mol7! X E? 

Then 

poe O22 Xe Jmol | ee 
~ 2x 9.649 X 107C mol”! 

Notice that in this calculation we converted the AG? 
value from kJ mol7! to J mol~!. Also we made use of 

the fact that units of J C7! are the same as volts, V. 

We can check this result by working out the cell 
e.m.f. from the electrode potentials F2,..;c,= +0.34V 
and E{.+;,g = +0.80 V. If we apply the method we used 
in Unit 66, we have 

eC: = BO 
E cell EB right E left 

ee EO eae) NS r 
= Agt/Ag B Cu2+/Cu 

= +0.80 V—0.34V 

=+0.46V 

(You may remember that the more negative half-cell is 
on the left. In this case, the copper half-cell is more 
negative, i.e. less positive, than the silver half-cell.) The 
two results are in good agreement. 

The next example will show you what happens in a 
reaction that has a positive AG®. We consider the 
reaction 

Pb(s) + Zn?* (aq) — Pb?* (aq) + Zn(s); 
AG?=+4122,9 kiiimolee 

Again, n= 2, so 

122.9 x 10?J mol”! = —2 x 9.649 x 104 C mol! x E? 

3 it pacgee 122.9 X10°Smole* | 2) ee 
—2 X 9.649 x 10*C mol"! 

This time the cell e.m.f. turns out to be negative in sign. 
This is another way of telling us that the reaction as we 
have written it cannot take place. We already know that 
a reaction with a positive free energy change cannot be 
a spontaneous reaction. So a proposed cell that pro- 
duces a negative E® also means that the reaction can- 
not take place. 

Instead, the reaction must occur in the opposite 



direction to the one we have written down. That is, if 

we made a cell from Pb**/Pb and Zn2*/Zn half-cells, the 

reaction that would actually take place is 

Pb?* (aq) + Zn(s) > Pb(s) + Zn?* (aq) 

Now, AG? = —122.9kJ mol”! and EH? = +0.637 V. 

69.3 Calculating free energy values 
from standard e.m.f.s 

If you were to measure E® of the Daniell cell you would 

69.1 (i) How many moles of electrons are trans- 
ferred when 1 mol of zinc is converted into zinc ions in 

the Daniell cell? 

(ii) Use your answer and the equation AG® = —nFE® 
to calculate E° for the cell. How does your result 
compare with the accepted value, 1.1 V? 

69.2 Here is a reaction which tells us that potassium 
will liberate hydrogen from acid (please do not try this 
— the reaction is extremely dangerous): 

2K(s) + 2H*(aq)— 2K* (aq) + H,(g); 

AG? = —566.4kJ mol"! 

(i) Calculate the corresponding cell e.m.f. 

(ii) If you attempted to make up this cell, what would 
you use as the half-cells? 

(iii) What is the connection between your answers 
and the standard electrode potential of potassium, 
which is Coan = —2.92 V? 

(iv) Is there anything that strikes you as odd about 
the potassium half-cell? 

69.3 A student said that under standard conditions 

the reaction 

2Cr°* (aq) + 3Cd(s) > 2Cr(s) + 3Cd?* (aq) 

Answers 

69.1 (i) Two. 
(ii) E°= =—212:1'x 10? Jmol: 

~2x9.649x10'C mol? 
Excellent agreement. 

= 3 1) 69.2 (i) E°= 566.4 x 10° J mol 

—2 x 9.649 x 10*C mol"! 

(ii) One of them might be expected to consist of a pot- 
assium electrode in 1mol dm~* solution of potassium 
ions (but see below). The other would be a S.H.E., 
where the reaction 

2H* (aq) + 2e —H,(g) 

takes place. 

=2.94V 

find it to be 1.1 V. Using the equation AG? = —nFE*® we 
find 

AG® = —2 X 9.649 X 10*C mol”! X 1.1 V 

=212.3% 10? €N=mol™ 
—212.3kJ mol! 

Here we have used the fact that Coulomb volts, C V, 
and the joule, J, are equivalent units. The value we 
have calculated is in good agreement with the value 
calculated from the values in data tables which we 
quoted at the start of section 69.1. 

would take place at 298K. Explain why the student 
was wrong. 

(i) To answer this question, first work out AG® for 
the reaction. You will need the values AG*(Cd?*) 
= —77.6kJ mol-' and AG®(Cr°*) = —204.9 kJ mol". 

(ii) Now decide on your answer from the sign of AG? 

(iii) Having realised his error, the student wrote down 
the reaction showing the correct direction: 

2Cr(s) + 3Cd?* (aq) —> 2Cr>* (aq) + 3Cd(s) 

What is AG® now? 

(iv) How many moles of electrons are transferred in 
this reaction? 

(v) Calculate E° for a cell that used this reaction. 

(vi) Calculate E° given EQ¢geca= —0.40V and 
E&,+/cr = —0.74 V. How do the two results compare? 

69.4 The standard electrode potential of aluminium 
can be measured in the cell 

Pt(s) | H.(g), | H*(aq), 1 Als*(aq), Al(s) 
1 atm 1 mol dm-? |; 1mol dm- 

The result is Eo, = E4+/4= —1.66V. Which of these 
two reactions actually takes place at the aluminium 
electrode: (a) Al®*+(aq)+3e-—Al(s) or (b) Al(s)—AIs* 
(aq)+3e-? 

(iii) Given that one of the cells is a S.H.E., the e.m.f. of 
the cell should be related to the standard electrode 
potential of potassium. The sign is different because of 
the convention of measuring electrode potentials with 
the S.H.E. as the left-hand electrode. 

(iv) The problem is imagining a half-cell that has potass- 
ium in an aqueous solution of potassium ions. You 
should know that potassium reacts violently with water. 
In other words it is not possible to set up this half-cell. 
This illustrates the fact that many of the E° values that 
you will find in data tables have not been determined 
directly. Often they are found by indirect means; for 
example, by combining results from other cells and AG® 
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Answers — contd. 

values, or in this case by using potassium amalgams. 

69.3 (i) 

AG* =3AG°(Cd?*) — 2AG*(Cr**) 
=3(—77.6 kJ mol") — 2(—204.9 kJ mol‘) 
= —232.8kJ mol”'+ 409.8 kJ mol”! 
=+177kJ mol" 

(ii) The positive value of AG® tells us that the reaction is 
not spontaneous as the student has written it down; that 

is, the reaction will take place in the opposite direction. 
However, notice that if standard conditions for reactants 
and products did not apply, e.g. if the student mixed only 
Cr°*(aq) and Cd(s), then the reaction would take place 
as written until a position of equilibrium was reached. 

(iii) AG°=—177kJ mol’. 

(iv) Six. 

(v) B= —177 x 10° J mol" 
= +0.306 V 

~ —6 x 9.649 x 10*C mol 

(vi) The chromium electrode gives up electrons, so this 
is the negative, left-hand half-cell. Therefore we have 

E con — Eh => Even 

= Eaetica — EGrsticr 

= —0.40 V —(—0.74V) 
= +0.34V 

The difference is due to uncertainties in the values of the 
free energies of formation of the two ions. 

69.4 The negative value for the aluminium electrode 
tells us that this is the electrode that gives up electrons 
to the external circuit. Therefore it is reaction (b) that 
takes place. The overall cell reaction is 

Al(s) + 3H* (aq) — Al?* (aq) + (3/2)H.2(g) 

or 

2Al(s) + 6H* (aq) > 2Al** (aq) + 3H.(g) 

UNIT 69 SUMMARY 

e A reaction with a negative e.m.f. cannot occur; a @ The link between free energy and cell e.m-f. is 

reaction with a positive e.m.f. can occur (but may AG® = —nFE®, where F is the faraday of electricity 
and nv is the number of moles of electrons 

transferred. 
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Redox potentials 

70.1 Standard redox potentials 

We know that the more negative the standard electrode 
potential of a metal, the stronger is its reducing power. 
That is, the better the metal is at releasing its electrons 
and turning into positive ions. A metal like sodium, 
which easily forms Na* ions, is a case in point. Actually, 
sodium ions show little tendency to gain electrons. That 
is, they are not very good oxidising agents. Thus, 
another way of looking at a metal with a very negative 
E® is to say that the more negative the value, the 
weaker is the oxidising power of the metal’s ions. Con- 
versely, the more positive its value of E®, the weaker is 
the reducing power of the metal, and the stronger is the 
oxidising power of its ions. An E® value therefore tells 
us about the balance between a reducing agent and an 
oxidising agent. We can write a reaction taking place in 
any half-cell as 

oxidising agent + electrons=— reducing agent 

For example, a zinc half-cell fits this pattern: 

Za * (aq) +26" =Zn\s) 

Now, there are many types of oxidising and reducing 
agents in which chemists are interested. Some of them 
involve non-metals like chlorine and fluorine. Others 
involve ions of the same element but which have dif- 
ferent oxidation states; for example iron(II) and iron(m) 
(Fe?* and Fe**), iodate(v) and iodide (IO,;- and I"). A 
method has been established that allows us to measure 
the e.m.f. of a half-cell that involves changes between 
pairs of ions like these. A typical example is shown 
connected to a S.H.E. in Figure 70.1. 

The electrode is made of platinum, which provides 
the path for electrons to travel into, or out of, the solu- 
tion. If we were to connect this half-cell to a standard 
hydrogen electrode and measure the cell e.m.f., we 
would find that £%.,, = +0.77 V. This value is known as 
the standard redox potential of the iron(tI)/iron(1) 
system, which we shall write B%s+/pe2+. (The word 
‘redox’ comes from an abbreviation of ‘reduction and 
oxidation’. An electrode potential is a particular type of 
redox potential.) The fact that EYos+;pe2+=+0.77V 

Reading on voltmeter gives the 
standard redox potenial of the 

combination Fe°*/Fe?* 

Hydrogen, 
1 atm 
——_ 

Platinum Platinum 
electrode electrode 

Hydrochloric Solution containing 
acid, 4 Fe°* and Fe*" ions, both 
1 mol dm with concentration 

1 mol dm ° 

Figure 70.1 Measuring the standard redox potential of the 
combination Fe** and Fe?* 

means that the S.H.E. is the negative half-cell. There- 
fore the reaction taking place in the S.H.E. is 

H,(g) > 2H* (aq) + 2e7 

The electrons given up by the hydrogen gas travel 
round to the iron(m)/iron(m) half-cell. There they are 
taken up by the iron(II) ions: 

Fe** (aq) + e- — Fe?* (aq) 

The overall cell reaction is 

2Fe** (aq) + H,(g) > 2Fe?* (aq) + 2H* (aq) 

In this case the iron(m) ions are behaving as oxidising 
agents, and hydrogen gas as a reducing agent. 

Some standard redox potentials are shown in Table 

70.1. 
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Table 70.1. Some standard redox potentials 

Reaction E?lV Comment 

Cr,O,*" (aq) + 14H* (aq) +6e7 = 2Cr**(aq)+7H,O(1) = +1.33 
MnO, (aq) +8H* (aq) +5e> = Mn?** (aq) +4H,0(1) 
MnO, (aq) +4H* (aq) +3e7 =MnO,(s)+2H,0(1) 
210, (aq) + 12H* (aq) + 10e7 =1,(s) +6H,O(1) 

Co** (aq) +e7 = Co?* (aq) 
Ce** (aq) +e” =Ce** (aq) 
Fe’* (aq) +e” = Fe?* (aq) 
Fe(CN),* (aq) cm — he (GN) am(aa) 

Cu**t (aq) +e” = Cu* (aq) 

Cl, (aq) +2e° =2Cl (aq) 
Br,(aq)+2e =2Br (aq) 
I,(aq)+2e =2I (aq) 

Dichromate(v1) in acid 
aril Manganate(vm) in acid 
ale? Manganate(vm) in alkali 

+0.36 Complex ions change E® 

+0.54 I, present as I,~ 

70.2. Predicting redox reactions 

Once we know the redox potentials of two half-cells, 
we can predict the cell reaction. For example, suppose 
we set up the cell 

Pt(s) | Fe?* (aq), Fe?* (aq), 11. Clo (aq), GE(g)3) OPt(s) 
1 mol dm=? it lmol dm=? | l atm 

We know from the redox potentials (Table 70.1) that 
the iron(im)/iron(m) half-cell is the more negative (less 
positive); so this one goes on the left-hand side. We 
have 

eo 
E cell. = Ey Res Ee left 

=e Cla/Cl- iy, Fe3+/Fe2+ 

= +1.36V—0.77V 
= +0.59V 

If we want to work out the cell reaction, we know that 
the left-hand cell gives up electrons to the external 
circuit, and that the reaction in the right-hand cell takes 
up these electrons. Therefore the reactions are 

Fe?* (aq) > Fe** (aq) + e7 
Cl,(g) + 2e7 > 2Cl (aq) 

Overall the balanced reaction is 

2Fe** (aq) + Cl,(g) > 2Fe** (aq) + 2Cl- (aq) 

As before (section 66.5), we can show this reaction as 
an equilibrium if we wish: 

2Fe** (aq) + Cl,(g) = 2Fe** (aq) + 2Cl- (aq) 

70.3 Predicting reactions in the 
laboratory from redox potentials 

Redox potentials are very useful, not so much as 
sources of electricity in cells, but because they allow us 
to make predictions about reactions in general. The 
reaction we have just looked at is a case in point. From 
the cell reaction we worked out, we know that chlorine 

416 Physical Chemistry 

Table 70.2. Using redox potentials to predict 
reactions 

Contains the reducing agent, 

i.e. chemical with the 

lowest oxidation number 

Half-cell with the most 
negative E®; this gives E,&, 

Contains the oxidising agent, 
i.e. chemical with the high- 
est oxidation number 

Half-cell with the most posi- 
tive E®; this gives Evan 

Combine the half-cell So that the oxidising agent 
reactions reacts with the reducing 

agent. Balance the equa- 
tion 

Calculate If E2) is much less than 
Exn = Egan Eich 0.6 V, your predictions may 

not agree with experiment 

gas should oxidise iron(t) ions into iron(m) ions. If you 
were to bubble the gas through a solution of iron(m) 
ions, for example iron(1) sulphate solution, you would 
discover that the reaction does indeed take place. 

The chief difference is that it is unlikely that you 
would be using standard conditions; but fortunately 
changes in concentration and temperature have to be 
quite large before cell e.m.f.s change markedly. Also, it . 
so happens that because redox reactions involve ions, 
the reactions tend to be fast. This is one time when we 
can use thermodynamic data (which is what cell e.m.f.s 
are) without worrying over much that reactions will 
not occur because they are too slow. 

The key to making correct predictions from redox 
potentials (Table 70.2) is to compare E® values, and to 
recognise that: 

The more negative half-cell will contain t 
reducing agent. 

The more positive half-cell will contain 1 the 
oxidising agent. — 



However, there is one proviso. Experience shows that 
if two redox potentials differ by much less than 0.6V, 
the predictions made may not be valid in practice. This 
was first noticed by W. M. Latimer in 1952, who was 
particularly concerned with chemicals that might cause 
water to decompose. He used the 0.6 V figure as a rule 
of thumb, and others have adopted the same figure for 
reactions that are quite different to those in which he 
was interested. 

You do not have to be too fussy about the ‘0.6 V rule’, 
but if E® values differ by only 0.1 or 0.2V, then your 
predictions may well be wrong. Here is an example 
where we assume the rule works. The problem is as 
follows: What, if anything, would you expect to see if 
an acidified solution of potassium iodate(v), KIO,, was 
added to potassium iodide solution? 

First, it is as well to say that both these solutions are 
colourless. Now we look at the table of redox potentials 
(Table 70.1). We find 2%,-,,=+1.20V and EY, 
=+0.54V. Here the iodate(v) half-cell contains the 
oxidising agent. To decide which of the chemicals in a 
half-cell is the oxidising agent, you look for the one 
with the highest oxidation state. In this case the choice 
is between iodate(v) and the element iodine. By defini- 
tion the oxidation state of an element is zero; so the 
iodate(v) is the oxidising agent. The cell e.m.f. would be 
E%,-,— E2n-= +0.66 V. 

Conversely, in the other half-cell we look for the 
reducing agent. This will be the chemical that is best 
able to lose electrons. Clearly it is the iodide ion. (If an 
iodine atom were to lose an electron it would turn into 
an I* ion, which does not exist.) 
We can now write down the reactions that should 

take place: 

210, (aq) + 12H* (aq) + 10e- > 1,(aq) + 6H,O(1) 
21 (aq) > I,(aq) + 2e7 

The balanced equation is 

IO, (aq) + 6H* (aq) + 5I- (aq) > 31,(aq) + 3H,0(1) 

The product of the reaction is iodine, so we would 
expect to see a dark brown colour appear in the solu- 
tion. This would be due to I, ions made when the 
liberated iodine joins with any iodide ions remaining. 
You might also see black powdery specks of solid iodine 
float about. As the cell e.m.f. is above 0.6 V we would 
expect our predictions to be matched by experiment, as 
indeed they are. 

70.4 Redox titrations 

Titrations are one of the methods we can use to discover 
the precise concentrations of solutions. A typical titra- 
tion involves adding a solution from a burette to 
another solution in a flask. The endpoint of the titration 
is found by watching a colour change take place. This is 
the method used in the examples we discussed in Unit 
40. However, a problem arises when a suitable indicator 
cannot be found, or when the colour changes involved 

Cerium(iv) solution 

Voltmeter reading 
changes during 
the titration 

Hydrogen, 
1 atm 

Platinum 
electrode 

Platinum 
electrode 

Hydrochloric 
acid, 
1 mol dm? 

lron(il) solution 

Figure 70.2 A _ redox titration using cerium(iv) ions to 
determine the concentration of iron(ii) ions. It is not necessary 
to use a S.H.E. as the reference electrode. Another type of 
half-cell will do, provided it has a constant e.m.f. However, the 
cell e.m.f. will not then correspond to standard values 

are unclear. In these cases redox potentials may 
sometimes come to the rescue. 
A particularly well known example (Figure 70.2) is a 

method of discovering the concentration of iron(II) ions 
in a solution by titrating them with a solution of 
cerium(Iv). The redox potentials that are of interest 
here are? E95, pox= #0!77V and oEV&i cess = +£1.61 V. 
These tell us that cerium(Iv) ions are the oxidising 
agents, and iron(ml) ions are the reducing agents. They 
should react according to the equation 

Fe?* (aq) + Ce** (aq) > Fe** (aq) + Ce?* (aq) 

Now imagine that we know the concentration of the 
cerium(IV) ion solution in the burette. We want to 
measure the concentration of the iron(m) solution. If we 
add just one drop of the cerium(Iv) solution from the 

~burette, some of the iron(m) ions will be oxidised. As a 
consequence the beaker would now contain a large 
number of unreacted iron() ions, but also some 
iron(II) ions as well. All of the cerium(Iv) ions added 
would have been converted to cerium(im). The solution 
in the beaker now represents an iron(i)/iron(i) half- 
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Table 70.3. Changes during the redox titration of 
iron(u) with cerium(rv) 

Ions present Cell E.m.f./V 

Fe2* Fe?t+ Cee* Ce4tt 

After the Many Some Some None Fe?*/Fe?* A little less 
first few than 0.77 

drops of 

Ce** (aq) 

Near the Some Many Many None Fe**/Fe*t A little 
endpoint more 

than 0.77 

Just after None Many Many Some Ce*t/Ce** A little less 

endpoint than 1.61 

cell, although not at standard conditions. Thus the 
e.m.f. of the cell will be near, but not equal, to E 4.3, ;pe2+- 

If we continue to add cerium(IV) solution, the num- 
ber of iron(II) ions is gradually reduced and eventually 
only a very few are left (Table 70.3). At this stage the 
next few drops of cerium(Iv) solution convert all the 
remaining iron(II) ions into iron(m), and some of the 
cerium(IV) ions are left unreacted. Once this happens 
we no longer have an iron(m)/iron(m) half-cell. Instead 
we have a solution in which there is a large number of 
cerium(lI1) ions and a smaller number of cerium(Iv) 
ions. The solution in the beaker now behaves as a 
cerium (Iv) /cerium(1) half-cell (although not a standard 
one). 

Just before all the iron(il) ions are converted into 

iron(mI) we have a cell with an e.m.f. of around 
+0.77 V. After all the iron(i) ions are oxidised, we have 

70.1 (i) What is the e.m.f. of the cell 

Pt(s) | Fe®+(aq), Fe?*+(aq), | Cr20,2- (aq), Cré*(aq), | Pt(s) 
1 mol dm-? i 1 mol dm-°, H*(aq) 

(ii) Write a balanced equation for the cell reaction. 

70.2 Manganate(vil) ions can react in two different 
ways depending on the concentration of hydrogen 
ions in the solution. If the solution is rich in hydrogen 
ions, they react to make manganese(Il) ions, 
Mn?* (aq). If there are few hydrogen ions, we say the 
reaction occurs in_ alkaline conditions and 
manganese(Iv) oxide, MnO., is made. What will be 
the e.m.f. of a cell made from a standard iodine/iodide 
half-cell and a standard manganate(vil) half-cell (i) in 
acid conditions and (ii) in alkaline conditions? In each 
case write down the cell reaction. 

70.3. When an ion is converted into a complex ion, 
the redox potential changes. You can see this in 
the case of the e.m.f. of the iron(tI)/ron(il) system 
(+0.77V) and the hexacyanoferrate(Il!)/nexacyano- 
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Volume of 

Ce** solution 
Endpoint added /cm 

Figure 70.3 A typical graph of results obtained in a redox 
titration of Fe®* ions with Ce**t ions. The endpoint occurs 
when the line becomes (almost) vertical, in this case cor- 

responding to 10cm? of the Ce** solution 

a cell with an e.m.f. of about + 1.61 V. This rapid rise in 
e.m.f. occurs with the addition of just one drop of 
cerium(Iv) solution. You should be able to understand 
why a graph of cell e.m.f. against volume of cerium(Iv) 
solution added looks like that of Figure 70.3. The end- 
point of the titration can be read from the graph and the 
concentration of the iron(i!l) solution calculated in the 
usual way. 

ferrate(il) system (+0.36 V). The cyanide ion is said to 
stabilise the oxidation state of the iron. If you were to 
make up a cell 

Pt(s) | Fe(CN).* (aq), Fe(CN)<.* (aq), | Fe®*(aq), Fe** (aq), | Pt(s) 
1 mol dm~* u 1mol dm~° 

what would be the e.m.f., and what would be the cell 

reaction? 

70.4 The cell shown below was set up 

' 
Pt(s) | Fe**(aq), Fe®*(aq), i Br-(aq), Br, (I) | Pt(s) 

1 mol dm-$ 1 1mol dm-3 

What would be the cell e.m.f.? 
If potassium cyanide solution were added to the 

left-hand half-cell (with due care!), what would you 
expect to happen to the e.m.f. of the cell? 

70.5 Imagine you were given a solution of potass- 
ium dichromate(vi) in a beaker, and a solution of 
iron(il) Sulphate in a burette. You do not know the 
concentration of dichromate(vi) ions, but the con- 



centration of the iron(II) solution is known. Your task tion that takes place in the titration. Draw a diagram of 

is to carry out a redox titration using the two solutions the apparatus you would use and sketch a graph 

in order to determine the concentration of showing how the e.m.f. changes in the course of the 

dichromate(vi) ions. Write an equation for the reac- titration. 

Answers 

70.1 (i) E8en=EG,,.0,2-10+ — E Fest iret the end of the titration there will be Cr°*, Fe®* and Fe®* 

=+1.33V—0.77V ions. The e.m.f. will be near to Ef.s+/ce2+ = +0.77 V. The 

= +0.56 V reaction is: 

‘ PoE, Foie 6Fe** (aq) + Cr,0,* (aq) + 14H*(aq)—> 
(ii) The dichromate(vi) ion is the oxidising agent, and 6Fe** (aq) + 2Cr* (aq) + 7H2O(I) 

iron(i!) the reducing agent. Therefore the cell Aaa is The apparatus would be like that in Figure 70.2. The 

6Fe** (aq) Cr,0,*" (aq) + 14H*(aq)—> graph is shown in Figure 70.4. 
. 6Fe**(aq) + 2Cre* (aq) + 7H20(I) 

70.2 In acid conditions, 

= Ee MnO,4-/Mn2+ — ES n- a +1 51 V ww 0.54 V = +0.97 V. 

The reaction is 

2MnO,_ (aq) + 101 (aq) + 16H*(aq)— 
2Mn?* (aq) + 51,(s) + 8H,O(1) 

Ecei/V 

In alkaline conditions, 

B= momnoe— Ei = + 1-59V —0.54V=+1.04V. 

The reaction is 

2MnO,, (aq) + 6I (aq) + 8H*(aq)— 
2MnO.(aq) + 3l,(s) + 4H,O(I) 

70.3 Eon = E Fest ier — E Fe(CN)62-/Fe(CN)64- 

= +0.77 V—0.36 V=+0.41 V 

The reaction is 

Fe(CN),*- (aq) + Fe** (aq)—> Fe(CN),° (aq) + Fe** (aq) 

70.4 Ei = EB roar = EF est /Fe2t 
= +1.07 V—0.77 V=+0.30V 

If cyanide ions are added, the left-hand half-cell would 

change its e.m.f. to EFecn)-/reicn)g¢ = +0-36 V. There 

fore the e.m.f. would change to +0.71 V. 
Volume of Fe** 

70.5 After one drop of iron(II) solution is added the solution added 

beaker will contain a mixture of Cr,0,2-, Cr°* and Fe**t 
ions. The e.m.f. will be near to E%,,0,2-:ca+ = +1.33 V. At Figure 70.4 Graph for answer to question 70.5 

UNIT 70 SUMMARY 

e@ The standard redox potential is measured against a equilibrium lies in favour of the products of the 

standard hydrogen electrode (see Figure 70.1). reaction. 

e@ Ina reaction involving two redox systems: e@ The endpoint of some titrations can be found by 

(i) The more negative half-cell will contain the : e.m.f. measurements. 

reducing agent. © The half-cell with the most negative E® contains the 

(ii) The more positive half-cell will contain the reducing agent. 
oxidising agent. © The half-cell with the most positive E® contains the 

@ Reactions whose half-cell redox potentials differ by oxidising agent. 
0.6V or more tend to go to completion, i.e. the 
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vi 
Redox charts 

71.1 What is a redox chart? 

Nitrogen, chlorine and sulphur (among other elements) 
have the ability to exist in a variety of oxidation states. 
Some of these states are shown in Table 71.1. 

Table 71.1. Oxidation states of nitrogen, chlorine 
and sulphur* 

Oxidation Example Formula 
state 

Nitrogen —3 Ammonia NH; 
—2 Hydrazine NH, 

0 Nitrogen as an element N> 
2 Nitrogen monoxide (nitric NO 

oxide) 

3 Nitrite NO,7 
4 Dinitrogen tetraoxidet+ N,O, 
5) Nitrate NO, 

Chlorine —1 Chloride Gls 
0 Chlorine as an element el 
1 Chlorate(1) (hypochlorite) ClO~ 
5 Chlorate(v) (chlorate) Clots 
7 Chlorate(vu) (perchlorate) ClO,~ 

Sulphur —2 Sulphide Si 
0 Sulphur as an element S'On Ss 
2 Thiosulphate So Osc 
4 Sulphite SOvT 
6 Sulphate SOjas 

*Not all the oxidation states are shown 

+Also nitrogen dioxide, NO, 

In a redox chart we link the various oxidation states 
of an element to standard redox potentials. For exam- 
ple, Figures 71.1-71.3 show the diagrams for nitrogen, 
chlorine and sulphur. Diagrams like these summarise a 
lot of information, and allow us to make predictions 
about whether particular reactions will take place. 
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71.2 How to use redox charts 

Before we discover how to use the charts, let us try to 
answer this question: ‘Will a solution of nitric acid 
oxidise copper metal to copper(I) ions and give off 
nitrogen dioxide?’ We have to recognise that a solution 
of nitric acid is a mixture of nitrate ions and hydrogen 
ions. With this established, we can answer the question 
in the same way as in previous units. We start by asking 
which e.m.f. is the more negative (less positive), and we 
know that this is the one that gives up electrons. In this 
case E@u+icu = +0.34V and EXo,-/n,0,= +0.80 V, so the 
copper half-cell will provide electrons: 

Cu(s) > Cu?* (aq) + 2e7 

We now know that the other half-cell will contain the 

oxidising agent (which gains the electrons), in this case 
the nitrate ions: 

2NO, (aq) + 4H* (aq) + 2e° >N,0,(g) + 2H,O(I) 

Given that the two E® values differ by less than 0.6V, 
we should be cautious about saying that the reaction 
will definitely take place under non-standard condi- 
tions, but we can be fairly sure it will. (We do not know 
how fast though!) To round things off it is sensible to 
write down the overall equation for the reaction: 

Cu(s) + 2NO,; (aq) + 4H*(aq)—> 

Cu** (aq) + N,O,(g) + 2H,O(1) 

If you try this reaction, you will see brown fumes of 
nitrogen dioxide, NO, gas being given off owing to the 
dissociation of dinitrogen tetraoxide (see section 53.6). 

With a little practice you should be able to predict 
whether a given reaction will take place simply by look- 
ing at a redox chart. An important point to realise is 
that, if you move from left to right on the chart, this is 
the direction in which electrons are gained; for example 
in a change from copper(II) ions to copper metal (oxida- 
tion state 0) the copper gains electrons. Similarly, a 
movement from right to left represents a loss of 
electrons. We shall place the information about the cop- 
per(l)/copper redox system on a modified redox chart, 
as shown in Figure 71.4. You can see arrows represent- 
ing the movement of electrons in the reactions. The 
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Figure 71.1 The redox charts for nitrogen: E° values are for 
(a) acidic conditions and (b) alkaline conditions. Notice that 
(i) the diagrams show the E° scale becomes more positive 
downwards, (ii) higher oxidation states are to the left, lower to 
the right, and (iii) the scale between E° = 0.8 and 1.0 V in (a) 
has been expanded to show the data more clearly 
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Figure 71.2 Redox chart for chlorine. Values without asterisks 
refer to acid conditions; those with asterisks refer to alkaline 
conditions 
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Figure 71.3 Redox chart for sulphur. E®° values refer to acidic 

conditions 
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E*°/N 

0.0 

The Cu**/Cu equilibrium 
shifts to the left 

0.2 > 

Cu** Cu?* (aq) + 2e = Cu(s) Cu 
EE 

0.4 
Flow of electrons 

i Flow of electrons 

2NO, (aq) + 4H*(aq) + 2e =N,0,(g) + 2H2O(() 

0.8 —$—$— 
NO3 —_—_——_—_> N20, 

The NO3 /NjO, equilibrium 
16 shifts to the right 

Figure 71.4 The diagram illustrates the ‘anticlockwise rule’ for 
the transfer of electrons in a redox reaction. The equilibrium 
reaction for the cell with the more negative (less positive) E° 
moves to the left. The reaction for the cell with the more 
positive E° moves to the right 

arrows travel in an anticlockwise direction from copper 
to copper(II) and then from nitrate to nitrogen dioxide 
(written as N,O, on the diagram). We know that in this 
reaction the arrows show the correct direction for the 
changes. 

This is a general rule: 

If two redox systems are connected by anti- 
clockwise arrows, the reaction takes place in 
the direction of the arrows. 

Before we leave this section, here is one more exam- 
ple: Will chlorine oxidise iodide ions to iodine? From 
data tables we find E?,,-=+0.54V. This information 
together with part of the chlorine redox chart is shown 
in Figure 71.5. 

The two redox systems are linked by anticlockwise 
arrows. The arrows move from iodide (oxidation state 
—1) to iodine (oxidation state 0), and from chlorine 
(oxidation state 0) to chloride (oxidation state —1). 
Therefore chlorine should (and does) oxidise iodide to 
iodine: 

Cl, (aq) + 21” (aq) > 2Cl (aq) + L,(aq) 

71.3 What is disproportionation? 

If you put a little copper(1) sulphate, Cu,SO,, in a test 
tube of water you will discover that the white powder 
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Figure 71.5 The ‘anticlockwise rule’ confirms that chlorine will 
oxidise iodide ions to iodine 

produces a blue solution, and tiny specks of a brown 
solid. The reaction that takes place is 

2Cu* (aq) > Cu’* (aq) + Cu(s) 
copper(t) copper (11) copper(0) 

(where the oxidation states are written on the line 
below the equation). The copper(I) ions have changed 
into copper(II) ions (which give the blue colour) and 
copper metal (the brown solid). Here we have an exam- 
ple of a single oxidation state splitting into two different 
states; one is higher than the original, and one lower. 

This is an example of a disproportionation reaction. 
Disproportionation reactions follow the pattern: 

intermediate higher lower 
oxidation — oxidation + oxidation 

state state state 

Another example is where bromine disproportionates 
in a strongly alkaline solution: 

3Br,(1) + 60H (aq) > BrO, (aq) + 5Br (aq) + 3H,O(1) 
bromine (0) bromine (v) bromine (+1) 

A third example is the reaction where thiosulphate 
ions react with acid to give sulphur and sulphur 
dioxide: 

S,0;*" (aq) + 2H*(aq) > S(s) + H,SO;(aq) 
sulphur (11) sulphur(0) sulphur (tv) 

It is interesting to see the redox potentials for these 
reactions shown on a redox chart (Figure 71.6). 

You might discover that there is a pattern to the 
charts: 
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Figure 71.6 Redox diagrams for three disproportionations. 
Note: the diagrams are not drawn to scale. (a) The ‘anticlock- 
wise rule’ confirms that Cut can disproportionate to Cu and 
Cu?*. (b) The ‘anticlockwise rule’ shows that Br, should dis- 
proportionate to BrO,- and Br-. (c) Again, the ‘anticlockwise 
rule’ establishes that S,O,?~ will disproportionate into H,SOz; 
(i.e. SO, in acid solution) and S 

The redox potential linking the lower and 
intermediate oxidation states is greater than | 

the redox potential linking the higher and 
_ intermediate oxidation states. 

This is a necessary requirement for disproportionation 
to take place. The redox chart must have the same pat- 
tern as Figure 71.7. 

Eo 

Higher 
oxidation 
state Lower E® 

| 
Intermediate 
oxidation Lower 
state oxidation 

Higher E° state 

E* values 
become more 
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downwards 

Figure 71.7 The pattern of the oxidation state diagram in a 
disproportionation reaction 

We can see how this works out in practice by using 
the copper(I) disproportionation as an example. We 
Haven ve Ut Veale Poo = | OU. 2.¥. hs 
tells us that if we made a cell from these two half-cells, 
the copper(il)/copper(1) half-cell would be the more 
negative half-cell. This is the half-cell that gives up 
electrons, so the reaction will be 

Cut (aq) > Cu?* (aq) + e7 

On the other hand, in the other half-cell, these 
electrons will be taken up in the reaction 

Cut (aq) +e” > Cu(s) 

The overall reaction is 

2Cut* (aq) > Cu(s) + Cu?* (aq) 

which is the equation for the disproportionation. 

(You will need to use the data in Tables 66.1 and 70.1 
together with the redox charts above to answer most 
of these questions. In questions 71.1 to 71.4 work out 
equations for reactions that you think will take place.) 

71.1 Will chlorate(i) (hypochlorite) ions oxidise 
iodide ions to iodine? 

71.2 Will hydrogen sulphide oxidise iodide ions to 
iodine? 

°71.3 What happens, if anything, if solutions of 
chlorine and hydrogen sulphide are mixed? 

71.4 When nitric acid reacts with copper, as well as 
the reaction we considered there is another that can 
take place. What is it? 
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71.5 In acid conditions, E%,o,-/,=+1.52V. Will 
bromine disproportionate to bromide and bromate(v) 
in acid? Briefly explain how you decide on your 
answer. 

71.6 Follow through the working on the copper‘(!) 
disproportionation and apply the same reasoning to 
the disproportionation of thiosulphate. Write down the 
half-cell reactions and the overall reaction. You will 
need to know that the equilibria involved in the half- 
cells are 

2H,SO,(aq) + 2H* (aq) + 4e- =S,0,2-(aq) + 3H,O(1) 
$0.7" (aq) + 6H*(aq) + 4e- = 2S(s) + 3H,O(I) 

71.7 Would you expect a solution of nitrous acid, 
HNO., to be energetically stable? (Remember, e.m.f. 
data allow us to make predictions about energetic, 
but not kinetic, stability.) 

71.8 Vanadium is a transition element that shows 

some beautiful colours in its various oxidation states. 

(i) Use the information in Table 71.2 to draw up a 

Answers 

71.1. Yes they will. The relevant part of the redox chart 
should look like this: 

Oxe state rl 

The reaction is 

ClO™ (aq) + 21 (aq) + 2H*(aq)— Cl (aq) + Io(aq) + HO(1) 

71.2 The chart in this case is 

| | a oe ee ee S 
/ \ 

~S uy 
pa pe SS Y— — ——— 

I, +0.54 V bs 

Oxatstater: ) 70 -] —2 
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Table 71.2. Oxidation states of vanadium 

Oxidation state +2 +3 +4 +5 
Ion* yer yer vat yor 

Colour Violet Green Blue Yellow 

Redox potential/V E¥s+py2+ Eys+yyo+ EGi+ pyar 

= —0.26 = +0.34 =-+1.00 

*Although we have shown the ions as V+, V**, V4* and 
V°*, this does not give a good representation of how the 
vanadium exists in solution. It would be more realistic to 
write them as V(H20).67+, V(H20).?*, VO(H2O)52* and 
VO2(H20)4* respectively. Also, the last ion is often writ- 
ten as VO3— 

redox chart. Place the line corresponding to 
ES ,2+/72n = —0.76 V on the chart. 

(ii) If ammonium vanadate(v) solution, NH,VO,(aq), 
is warmed with zinc dust, what would you expect to 
see? 

(iii) In this experiment it is important to keep air out of 
the apparatus. Why? 

Here the arrows show that this reaction will not occur. 

Rather, hydrogen sulphide will reduce iodine to iodide. 
The reaction is 

H,S(aq) + |,(aq) > S(s) + 21 (aq) + 2H* (aq) 

Ox. state 0 

The chart shows that chlorine wili oxidise the hydrogen 
sulphide. A yellow deposit of sulphur will be made: 

Cl.(g) + H,S(aq)— S(s) + 2CI (aq) + 2H* (aq) 

71.4 The redox chart shows that the acid can react to 
give nitrous acid. The half-cell reaction is 

NO, (aq) + 3H*(aq) + 2e- > HNO,(aq) + H,O(I) 

But the nitrous acid can further react to produce nitrogen — 
monoxide: 

HNO,(aq) + H*(aq) + e- + NO(g) + H,O(I) 

Overall, 

NO; (aq) + 4H*(aq) + 3e° + NO(g) + 2H2O0(I) 



Answers — contd. 

lf we combine this with 

Cu(s)— Cu?* (aq) + 2e7 

we have the final reaction 

3Cu(s) + 2NO, (aq) + 8H*(aq)—> 
3Cu?* (aq) + 2NO(g) + 4H,O0(I) 

71.5 The redox chart now looks like this: 

Bigee te Oe Vani 

| —— Dro aah —~—e- — SL 

Ai 7 
~———— > ----- 

BrO; +1.52 V Br 

f | 

Ox. state 5 0 —] 

In this case disproportionation will not occur because 
E&er- iS less than E%,0,~e,- If you think about the 
values of the redox potentials, the bromine/bromide will 
be the negative half-cell, which means that the reaction 
taking place is 

2Br (aq)— Br,(l) + 2e7 

In the bromine/bromate(v) half-cell the reaction is 

2BrO, (aq) + 12H* (aq) + 10e° — Br,(l) + 6H,O0(!) 

Hence the overall reaction is 

BrO, (aq) + 5Br-(aq) + 6H* (aq) > 3Br,(l) + 3H2O0(I) 

This shows that bromine is the favoured product in acid 
solution and that it will not disproportionate. 

71 6 ES,042-/8 — +0.52 V and EV1809/8032-= +0.40 V. 

These values tell us that the negative half-cell contains 
the H.SO, and S,O0,7-. The reaction taking place will be 
the one that gives up electrons: 

S,0,7 (aq) + 3H2O(I) > 2H,SO,(aq) + 2H* (aq) + 4e— 

In the other half-cell the thiosulphate is the oxidising 
agent and the reaction is 

S,0,? (aq) + 6H*(aq) + 4e7 > 2S(s) + 3H,O0() 

If we combine the two equations, we have 

S207 (aq) + 2H*(aq)— H,SO,(aq) + S(s) 
which is the equation for the disproportionation. 

71.7 If you look at the redox chart for nitrogen you will 
find that nitrous acid should disproportionate. It is linked 
to nitrogen monoxide (the lower oxidation state) at 
E° = +0.93 V, and to nitrate (the higher oxidation state) 
by E°=+0.8V. The two e.m.f.s are not the usual 0.6 V 
apart that we normally take to be our guiding line for 
confident predictions; but in fact a solution of nitrous acid 
does decompose slowly according to the reaction 

3HNO.(aq)— HNO,(aq) + 2NO(g) + H2O(1) 

71.8 (i) Your chart should look like this: 

2+ 
A Zn” —0.76 Zn 
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E IV t | 
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(ii) ESne+2zn iS sufficiently negative for zinc to reduce all 

the oxidation states of vanadium. Alternatively, you 
could say that the redox potentials of vanadium are all 
sufficiently positive for the oxidation states to oxidise 
zinc to zinc ions. Therefore you should expect to see the 
pale yellow colour of the ammonium vanadate(v) 
change to blue, then to green, and finally to violet. 

(iii) Oxygen in air can oxidise the lower oxidation states 
back to vanadium(V). 

UNIT 71 SUMMARY 

@ On a redox chart a necessary requirement for 
disproportionation to take place is that: 
The redox potential linking the lower and 
intermediate oxidation states is greater than the 

@ Rule for using redox charts: 
If two redox systems are connected by anticlock- 
wise arrows, the reaction takes place in the 
directions of the arrows. 

@ Disproportionation reactions follow the pattern: redox potential linking the higher and 

; d : intermediate oxidation states. 
intermediate higher lower 
oxidation — oxidation + oxidation 

state state state 

e.g. 

beuevag) > Cu (aq), Cu(s) 
copper(I) copper (i) copper(0) 
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Electrolysis 

72.1 -What is an electric current? 

Before we start to explain electrolysis, there is one 
important idea that you need to understand. It is this: if 
an electric current is to pass between two points, there 
must be a movement of charged particles between the 
points. In a metal the particles are the free electrons. If a 
voltage is applied across the ends of a metal wire, the 
free electrons will begin to move along the wire, and we 
could measure the current. However, if a current is to 
pass through a liquid: 

There must be ions that are free to move. 

Water itself is only very slightly dissociated into 
hydrogen and hydroxide ions, so pure water does not 
conduct very well. However, if we dissolve sodium 
chloride in water, the large number of free sodium and 
chloride ions allows the solution to conduct very easily. 
Sodium chloride itself will conduct if it is molten. In this 
case the crystal structure is broken down, freeing the 
ions to move about. 

In Figure 72.1 you can see diagrams representing the 

movement of ions through a liquid. We have shown the 
positive ions moving towards the negative electrode, 
and the negative ions moving towards the positive 
electrode. However, our diagrams are much exag- 
gerated; ions do not whizz from one side of the liquid to 
the other. Instead, there is a gradual drift of the ions in 
the two directions. A large current flows if there are a 
large number of ions present, all moving slowly, rather 
than a few ions moving at great speeds. 

72.1 In which of the following cases will the bulb in 
Figure 72.2 light up: when the beaker contains (i) 
ethanol, (ii) sugar dissolved in water, (iii) sodium 
hydroxide solution, (iv) copper(t!) sulphate solution, 
(v) molten sugar, (vi) molten potassium chloride, (vii) 
solid magnesium oxide? 

426 Physical Chemistry 

(a) Metal 

OO000 
OOCCLO 
GOOOO 

(b) lonic 
solution 

os 

+ 

+ 

+. 

3 

.s 

+ 

Be 

at 

+ 

+ 

+ 

Figure 72.1 Much exaggerated views of a metal and a solu- 
tion of an ionic substance conducting an electric current. (a) 
In a metal, an electric current is the movement of electrons. 

(b) In a solution of an ionic substance, the electric current is 
the movement of ions 



Substance under 
test 

Figure 72.2 Apparatus for question 72.1 

72.2 Two electrolysis cells are set up as shown in 
Figure 72.3. What happens? 

Dilute sulphuric 
acid 

Hexane 

Figure 72.3 An electrolysis cell containing hexane in series 
with another containing dilute sulphuric acid (see question 
72.2) 

72.2 What happens during 
electrolysis? 

In an electrolysis experiment a current is passed 
through a solution containing ions, or a molten salt, 
called the electrolyte. The negative electrode is coated 
with electrons, some of which can be stolen by positive 
ions that come close to the electrode. A typical example 
is the reaction 

Nat+e —Na 

which takes place in molten sodium chloride (Figure 

Chlorine 
ae gas given 
<< off at 

the anode Cathode 

Chloride ions 
move to anode 

Sodium ions 
move to cathode 

Electrolyte, 
molten sodium chloride 

Molten sodium collects 
at cathode 

Figure 72.4 In the electrolysis of molten sodium chloride, 
sodium ions travel to the cathode and sodium metal is 

liberated: 

Na* +e —Na 

Chloride ions move to the anode, and chlorine is given off: 

2Cl” —2e > Cl, 

(Note: if this experiment were being done in the laboratory, 

special safety measures would have to be taken to deal with 

the sodium and the poisonous chlorine) 

72.4). This is a reaction in which the sodium ion is 
reduced (it gains an electron). In fact, in an electrolysis 

experiment: 

- Reduction always takes place at the negative | 
electrode. 

This electrode is called the cathode. 
On the other hand, negative ions are attracted to the 

positive electrode, where they are oxidised (lose 

electrons), e.g. 

cl -—e > Cl 

followed by 

2Cl— Cl, 

Therefore we have: 

Oxidation always takes place at the positive 

electrode. _ 

This electrode is called the anode. 
We can summarise the results of the experiment by 

saying that sodium is discharged at the cathode, and 
chlorine is discharged at the anode. 
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The electrolysis of an aqueous solution is more com- 
plicated than that of a molten salt. One reason is that 
there is invariably a mixture of several different positive 
and negative ions. For example, in salt water, the ions 
present are: 

from the water 
hydrogen ions, H*, and hydroxide ions, OH™ 

from the salt 

sodium ions, Na*, and chloride ions, Cl~ 

However, compared with the number of water mol- 
ecules, the number of H* and OH7 ions is insignificant. 
In fact, water molecules can be discharged (see section 
723. 

If you electrolyse salt water you can find different 
results depending on the concentration of the solution 
you use. The results can also depend on the nature of 
the electrodes. The best bet, but the most expensive, is 
to use platinum electrodes. They are extremely resistant 
to corrosion. Carbon electrodes can also be used as a 
much cheaper alternative. However, carbon electrodes 
suffer corrosion quite easily. If you were gradually to 
increase the voltage across the cell and measure the 
current passing through the electrolyte, you would find 
that the current remains very small until, at a certain 
voltage, it rises very quickly (Figure 72.5). This is when 
the electrolysis starts. The minimum voltage causing 
electrolysis to take place is the decomposition voltage. 

If you have read Unit 66 you will know that an 
electrode placed into a solution will set up an electrode 
potential. The decomposition voltage is at least equal to 
the combination of the two electrode potentials at the 
anode and cathode. Once electrolysis is under way, 
there are significant changes in the concentrations of 
the ions near the electrodes. This effect increases the 
decomposition voltage, so that it is larger than that 
which we might calculate from electrode potentials. 
The amount of this ‘extra voltage’ is called the over- 
voltage. If we are to predict which ions will be discharged 
during an electrolysis, we need to know their over 
voltages. You will be pleased to know that this is not 

Current 
through cell 

Voltage across 

Decomposition 
voltage 

Figure 72.5 How the current through an electrolysis cell varies 
with voltage 
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Table 72.1. Selective discharge of ions during an 
electrolysis*+ 

At the cathode At the anode 

Na* Most difficult Ee 
Ars SO7a 
jae NO,” 
Pb?2* Gls 

leer Bry 

Guck Ie 
Ag* Least difficult OHS 

‘ 

*The order of discharge is only approximate and changes 
with concentration 
+In aqueous solutions, water molecules are always available 
for discharge. But in acidic solutions, where the concentra- 
tion of hydrogen ions is appreciable, H* ions are discharged 
in preference to water molecules. Likewise, in alkaline 
solutions, where the concentration of hydroxide ions is 
appreciable, OH ions are discharged in preference to water 
molecules. The reactions are: 

anode 40H (aq)—4e —2H,0(1) +0,(g) 
cathode 2H™ (aq) +2e° =H, (g) 

necessary at this, level of chemistry. However, you 
should realise that the more easily a metal ion is redu- 
ced, i.e. the more easily it gains electrons, the more 
easily it should be discharged at the cathode. For 
example, Cu*t ions should be more easily discharged 
than Na* ions. On the other hand, the negative ions 
that are oxidised the most easily, i.e. give up their 
electrons easily, will be most easily discharged at the 
anode. For example, I” ions should be more easily dis- 
charged than Cl ions. 
We can see how the order of discharge applies in the 

particular cases summarised in Table 72.1. 

72.3 Examples of electrolysis 

(a) Electrolysis of water 

Hydrogen is given off at the cathode, and oxygen at the 
anode (Figure 72.6). Although in principle these gases 
could be produced by the discharge of hydrogen and 
hydroxide ions respectively, in practice water molecules 
react: 

at the anode 2H,O(1) — 4e° > 4H* (aq) + O2(g) 

at the cathode 2H,O(1) + 2e7 > 20H (aq) + H,(g) 
or 4H,O(1) + 4e° > 40H (aq) + 2H,(g) 

You can see from the equations that the release of 1 mol 
of oxygen needs 4mol of electrons to be transferred. In 
an electrolysis, equal numbers of electrons must be lost 
from the cathode as gained at the anode. Thus 4 mol of 
electrons must be picked up by water molecules from 
the cathode. Therefore 2 mol of hydrogen gas will be 
given off for every 1 mol of oxygen. This reflects the 
ratio of the two elements in the formula of water, H,O. 
Sometimes dilute sulphuric acid is added to water 
before electrolysis. This boosts the conductivity of the 



Hydrogen collects 
in cathode xygen collects in 
compartment 

Oxygen collects 
anode compartment 

Platinum 
electrodes 

Water containing 
a little dilute sulphuric acid 

Figure 72.6 A Hofmann voltameter often used for the electro- 
lysis of water 

solution by increasing the number of ions present. It 
also means that hydrogen ions are discharged at the 
cathode through the reaction: 

2H* (aq) + 2e° —H,(g) 

Sulphate ions are resistant to oxidation and are not 
discharged at the cathode. 

(b) Electrolysis of copper(u) sulphate solution 

We shall think about two ways of carrying out the 
electrolysis. The first uses two inert electrodes, platinum 
or carbon for example. The other method uses electro- 
des made from copper. In both cases we have the same 
set of ions and molecules present: 

H,O molecules 
Cu and SO.4— 

from water 
from copper(II) sulphate 

With inert electrodes 

In this case, H,O molecules and Cu?** ions are preferen- 
tially discharged: 

at the anode 

at the cathode 

2H,O(1) —4e” > 4H" (aq) + O,(g) 

Cu?*t (aq) + 2e° > Cu(s) 

This is, perhaps, the simplest example of the basis of 
electroplating. Copper metal is liberated at the cathode. If 
the conditions are right, the copper will cling to the 
cathode, thereby plating it. 

In industry, electroplating is very important. Cutlery 
can be silver plated, and many of the shiny decorative 
parts of cars and bicycles are chromium plated. To plate 
a metal accurately the surface must be thoroughly clean 
and treated so that the plated metal coats it evenly. The 
objects to be plated are made the cathode in an electro- 
lysis bath. The length of time they spend in the electro- 
lyte and the current flowing determine the thickness of 
the plating. 

With copper electrodes 

It is easier for copper metal to lose electrons (be 
oxidised) than it is for water molecules to lose them. 
Instead of oxygen being given off, the copper from the 
anode changes into copper(I) ions: 

Cu(s) — 2e7 > Cu** (aq) 
Cu?* (aq) + 2e7 > Cu(s) 

at the anode 

at the cathode 

You can see from these two equations that the anode 
will gradually be worn away while the cathode becomes 
coated with copper. The cathode will gain a mass of 
copper equal to that lost from the anode. 

72.3 Briefly explain why equal numbers of electrons 
must be lost from the cathode as gained at the anode 
during an electrolysis. 

72.4 A little litmus is placed in the acidified water in 
the compartments around the anode and cathode ina 
Hofmann voltameter (see Figure 72.6), and the 
electrolysis is started. 

(i) What colour will the litmus be at the start of the 
experiment? 

(ii) Explain why the litmus gradually changes colour 
in one of the compartments. 

72.5 When copper(il) sulphate solution is electro- 
lysed using platinum electrodes, the blue colour of the 
solution gradually fades. 

(i) Why is this? 

(ii) After some time, when the solution is almost 
colourless, bubbles appear at the cathode. Why do 
they appear, and what are they? 

72.6 When does an electrolysis of copper(II) sul- 
phate using copper electrodes stop? 

72.7 What would you expect to see if you were to 
carry out an electrolysis of (i) moderately con- 
centrated hydrochloric acid, (ii) very dilute 
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hydrochloric acid, (iii) dilute sodium hydroxide? In 
each case write down the reactions that should take 
place at the anode and cathode. (Make use of Table 
72.1 to help you decide.) 

72.8 Use the information in Table 72.1 to predict the 
products of the electrolysis of concentrated salt 
water. Write down equations to show the reactions at 
the anode and cathode. What happens as the electro- 
lysis continues? 

72.4 How to calculate the mass of a 
substance liberated in electrolysis 

If we electrolyse silver nitrate solution, the reactions 
that take place at the electrodes are: 

2H,O(1) — 4e° > 4H* (aq) + O,(g) 

Ag* (aq) +e > Ag(s) 
at the anode 

at the cathode 

Let us take a closer look at the cathode reaction. The 
problem we are going to solve is to work out how many 
grams of silver will be deposited at the cathode if a 
current of 0.2A is passed for 30min through the 
electrolysis cell (Figure 72.7). As with any chemical 
equation we can interpret it in terms of the numbers of 
moles of particles reacting: 

i AQ) te ecme— 7208S) 
1 mol 1 mol 1 mol 

First we calculate the number of coulombs of charge 
transferred by the current. This is given by the formula 

Silver collects on 
the cathode 

Silver nitrate 
solution 

Figure 72.7 For the accurate electrolysis of silver nitrate solu- 
tion, an ammeter and clock are needed 
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time in seconds that 

the current flows 

number of _ current 

coulombs in amps 

In shorthand this is 

coulombs = amps X time (in seconds) 

For example, if we pass a current of 0.2 A for 30 min 
through silver nitrate solution, the number of coulombs 
transferred would be 

number of coulombs = 0.2 A x 30 X 60s=360C 

(Notice the conversion of the 30min to seconds by 
multiplying by 60.) 
We also know that the charge on one electron is 

1.6 xX 107'°C, so the number of coulombs represented 
by 1 mol of electrons is 1.6 X 107!? C X 6.02 x 107? mol! 
= 9.632 X 10*C mol"'. This is an important quantity of 
charge, which is sometimes known as the faraday of 
electricity. It represents the charge carried by a mole of 
electrons. The name is in honour of Michael Faraday 
who, in the 1870s and 1880s, was the first person to 
investigate electrolysis systematically. Often the faraday 
is written as a round number, perhaps 96 500C mol"!, 
which is not an accurate value but handy in 
calculations. 

In our example, we can now work out how many 
moles of electrons were transferred: 

360C 

9.632 X 10*C mol! 

= 3°74 x lO0m mol 

number of moles of electrons = 

The equation for the reaction tells us _ that 
3.74X10*mol of electrons will produce 3.74 
10-* mol of silver. Thus the mass of silver is 3.74 x 
10-* mol X 108g mol’, or 0.40 g. 
Here is another example. If a current of 0.1 A is 

passed for 10 hours through acidified water at room 
temperature, what volume of oxygen will be released? 
We shall take the faraday as 96 500C mol"!. 

Stage 1 The equation 

at the anode 
4H,O(l) — 4e7 —4H*(aq) + O,(g) 
4mol 4mol 4mol 24 dm? at room temp. 

Thus we know that 4mol of electrons will release 
24 dm? of oxygen. 

Stage 2. The number of coulombs passed 

number of coulombs = 0.1 A X 10 X 60 X 60s 
= 3600 C 

Stage 3 The number of moles of electrons 

3600 C 

96 500C mol! 

= 0.0373 mol 

number of moles of electrons = 

Stage 4 The final answer 

x 0.0373 mol = 3 volume of oxygen released = 24dm eT 

= 0.224 dm? 



72.9 Faraday announced two laws of electrolysis 
that, not surprisingly, became known as Faraday’s 
laws. In modern terms we can write them as: 

(A) The mass of a substance liberated in an electro- 
lysis is proportional to the quantity of electricity 
passed. 

(B) If the same quantity of electricity is passed 
through different electrolytes, the mass of the sub- 
stances liberated will be inversely proportional to the 
charges on the ions. 

The first law is another way of saying that the 
greater the number of moles of electrons transferred, 
the greater the mass of the products. To see how the 
second law works, answer the following question. 
Two electrolysis cells were connected in series as 

shown in Figure 72.8. A current of 0.25 A was passed 
through the silver nitrate solution for 20 min. 

(i) What current passed through the other electrolysis 
cell? 

(ii) Write down the cathode reactions in each cell. 

(iii) How many moles of silver were deposited on the 
cathode? 

(iv) How: many moles of copper were deposited on 
the cathode? 

72.5 Why is electrolysis used in 
industry? 

The very reactive metals of Groups I and I, and some 
others, like aluminium, are often found in Nature com- 
bined with halogens or oxygen. These compounds are 
energetically very stable and difficult to break apart. 
One of the few ways that the reactive metals can be 
isolated is by electrolysis. The extraction of sodium from 
sodium chloride and aluminium from aluminium oxide 
are examples. 

Electrolysis is also used to decompose compounds, 
and to convert them into more useful and valuable 
chemicals. The conversion of salt water into chlorine 
and sodium hydroxide is one example, which we shall 
examine in Unit 84. 

A third use of electrolysis is in the purification 
(refining) of metals like gold or copper. Here the 
electrolysis is carefully controlled so that only the metal 
ions are discharged at a cathode. A summary of these 
uses of electrolysis in industry is given in Table 72.2. 

(v) Briefly explain how your answers relate 
Faraday’s second law. 

Copper(!!) 
sulphate 
solution 

Silver nitrate 
solution 

Figure 72.8 An electrolysis cell containing silver nitrate 
solution in series with another cell containing copper‘(ii) 
sulphate solution (see question 72.9) 

Table 72.2. Uses of electrolysis in industry 

Process Energy needed 
/KW h kg"! 

Aluminium extraction from alumina 18 
Magnesium extraction from magnesium 

chloride 25 
Sodium»extraction from sodium chloride 15 

Copper electrolytic refining 0.2 
Gold electrolytic refining 0.3 
Lead electrolytic refining 0.2 

Sodium hydroxide manufacture by electrolysis 
of brine 3 

These values can be compared with non- 
electrolytic processes: 

Phosphorus extraction in an electric furnace 10 

Steel manufacture in an electric furnace 6 
Silicon carbide manufacture in an electric 

furnace 8 
en 
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Answers 

72.1 It will light up in (iii), (iv) and (vi). These contain 
ions that are free to move. (i), (ii) and (v) are covalent, so 
contain no ions. (vii) is ionic, but in the solid the ions are 
not free to move. 

72.2 The bulb does not light. Although electricity can 
pass through the sulphuric acid solution, it will not pass 
through the hexane, which is purely covalent. 

72.3 When electricity passes between two points, 
charges are on the move. However, the charges are not 
‘used up’. Therefore, if (Say) ten electrons leave the 
anode, ten must enter at the cathode. 

72.4 (i) The litmus will go red, as it is in acid. 

(ii) In the cathode compartment, water molecules are 
converted into hydrogen gas and hydroxide ions are 
released. As a result the cathode compartment steadily 
becomes alkaline in nature. Here the litmus will turn 
blue. 

72.5 
Cu?*(aq). During the electrolysis these ions are 
removed (they change into Cu(s)). Hence the colour 
fades. 

(ii) When the concentration of copper(!) ions becomes 
very small, water molecules begin to be discharged. The 
bubbles are hydrogen. 

72.6 When the anode has been worn away so much 
that it no longer dips properly into the electrolyte. 

72.7 (i) Hydrogen and chlorine are given off: 

at the anode 2CI (aq) — 2e° > Cl.(g) 
at the cathode. 2H‘(aq)+2e —H,(g) 

(ii) Hydrogen and oxygen are given off. When the 
chloride ion concentration is very low, water molecules 

begin to be discharged at the anode. While the solution 

(i) The blue colour is due to the presence of 

remains acidic, hydrogen ions are likely to be dis- 
charged in preference to water molecules, but eventu- 
ally the latter molecules will be discharged: 

at the anode 4H,O(l) — 4e° > 4H*(aq) + O.(g) 
at the cathode 2H* (aq) + 2e° > H,(g) 
and later 2H,O(I) + 2e- + 20H (aq) + H2(g) 

(iii) Hydrogen and oxygen are given off: 

at the anode 40H (I) — 4e° > 2H,O0(I) + O,(g) 
at the cathode 2H,O(I) +2e° 20H (aq) + H.(g) 

72.8 Chloride ions are discharged at the anode, and 
water molecules at the cathode: 

at the anode 2Cl (aq) — 2e + Cl.(g) 
at the cathode 2H,O(I) +2e° —>2H.(g) + 2OH (aq) 

Chloride ions are removed from the solution, and 
eventually water molecules will be discharged, giving off 
oxygen. 

72.9 (i) 0.25A, the same as through the first cell. 

(ii) Ag*(aq) +e” > Ag(s); Cu?* (aq) + 2e- > Cu(s). 

(iii) The number of coulombs passed=0.25A~x 20 
x60s=300C. This represents 300C/96 500C mol"! 
=3.11x10-°mol. Therefore the number of moles of 
silver deposited is also 3.11 x 10° mol. 

(iv) If you look at the two cathode equations you can see 
that for every mole of electrons passed you get 1 mol of 
silver and 0.5mol of copper. Therefore we would get 
0.5 x 3.11 x 10°? mol = 1.56 x 10° mol of copper. 

(v) With a little thought you should realise that if 
aluminium ions, Al°*, were being discharged we would 

get one-third as many moles, i.e. 3.11 x 10°* mol/3. Now 
you should see that the number of moles of ion dis- 
charged depends on 1/(charge on the ion). This is what 
Faraday’s second law says. 

UNIT 72 SUMMARY 

An electric current is the movement of charged 
particles. In solution, the positive and negative 
ions carry the current. For conduction to take 
place, ions must be free to move. 

In an electrolysis experiment: 
(i) Positive ions are discharged at the cathode, 

negative ions at the anode. 
(ii) Reduction always takes place at the negative 

electrode, the cathode; oxidation takes place 
at the anode. 

Physical Chemistry 

@ The mass of a substance liberated in electrolysis can 
be calculated using the equation: 

time in seconds 

that the current flows 

number of _ current 

coulombs in amps 

The number of coulombs represented by 1 mol of 
electrons is approximately 96500C mol !, the 
faraday of electricity. 



Conductivity of solutions 

73.1 How do we measure 

conductivity? 

We know that a solution will conduct electricity if it 
contains ions that are free to move. In the last unit we 
used this fact to explain the results of electrolysis 
experiments. If we want to study the way ions conduct, 
then electrolysis can be a nuisance, largely because the 
ions are constantly being removed from the solution. 
Electrolysis can be avoided if, instead of keeping the 
electrodes permanently positively or negatively 
charged, we repeatedly change the charge on them. 
This is achieved by using an alternating voltage. A con- 
ductivity cell (see Figure 73.1) contains two platinum 
electrodes bonded into the glass walls of the cell. In use, 
the cell is placed into a solution and the electrodes are 

Connections to 
conductivity meter 

Glass cylinder 

Small holes to allow air to escape 

Electrodes (each about 1 cm’) 
sealed into the glass 

Figure 73.1 A conductivity cell 

connected to a conductivity meter. The electronics in 
the meter is designed to connect an alternating voltage 
to the cell, and at the same time to measure the 
resistance of the solution between the electrodes. 

The higher the resistance, the lower the conductivity, 
and vice versa. In other words, the conductivity is pro- 
portional to 1/resistance. With some thought you 
should appreciate that if there is a greater length of 
solution between the electrodes, then the resistance 
will increase. On the other hand, if we keep the distance 
between the electrodes fixed, but increase their area, 
then the resistance should decrease. (This is exactly the 
same behaviour that we find with metals. If you 
increase the length of a metal wire, its resistance 
increases, but a wire of greater cross-sectional area will 
have a lower resistance than one of smaller area.) Now 
we can define the conductivity x (the Greek letter pro- 
nounced ‘kappa’) as 

go 

RA 

Thus, if we know the dimensions of the cell (/ and A) 
and we take the reading from the conductivity meter, 
we can calculate the conductivity. If you actually use a 
conductivity meter, take care to look at the units in 
which it reads. It should give readings of 1/R, known as 
the conductance. Resistance is measured in ohms, Q, so 
conductance has units of ohm7!. It has become more 
common to use the siemens, S, as the unit instead of 
ohm~!. Your meter may give results in ohm“! or S. 

For example, a conductivity meter gave a reading of 
0.011S when a conductivity cell having /=1cm and 
A=1cm? was dipped into a solution of 0.1 mol dm~* 
sodium chloride. What was the conductivity? We have 

1/R=0.011 S so 

ey ee 
lcm 

or 

~=0.011'S cm (0.011 ohm‘ ‘cnt *) 

In practice we do not normally attempt to measure / 
and A for a conductivity cell. Rather, the cell is 
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calibrated against a solution of known concentration 
and the ratio //A, called the cell constant, is stated by the 
manufacturer. You will find more details about this in 
question 73.1. Also, if we were strict about using SI 
units, x should be quoted in S m~!. However, it is much 
more common to give the results in Scm7!. 

73.2 Molar conductivities 

We now know how to measure the conductivity of a 
solution; but apart from listing a whole series of such 
measurements, we are not much further on. The prob- 
lem is that if we are to compare conductivities, we 
should compare like with like. For this reason we make 
use of molar conductivities. The molar conductivity is the 
conductivity that we would expect the solution to have 
if it were to contain 1 mol of the substance. We write 
the molar conductivity as A (the Greek letter capital 
‘lambda’) and put 

A=W mn 

where V,, is the volume that would contain 1 mol of 
substance. V,, is called the (molar) dilution. It has units 
cm? mol"!. 

For example, in our 0.1 mol dm~? solution of sodium 
chloride, the volume that would contain 1 mol of the 
salt is 10dm?’. (The 0.1 mol dm~? solution contains 
0.1 mol in 1dm’, so 10dm?* would be needed if we 
wanted 1 mol.) Owing to the units we are using for 
conductivity, we must write the volume in cm’, in this 
case 10 000 cm?. Then, 

A =0.011S cm7™! X 10 000 cm? mol ! 
=O Su emesm ola 

We could perform a series of experiments on sodium 
chloride solutions of different concentrations, measure 
their conductivities, and calculate the molar conduc- 
tivity each time. Figure 73.2 shows you the result of 
such a series of experiments, but with the results plot- 
ted on a graph. Be sure to notice that the graph has 
molar conductivity plotted against dilution (not con- 
centration). You can compare this with a second series 
of results for ethanoic acid. 

These two lines are typical of their kind. You should 
know that sodium chloride is a strong electrolyte, i.e. it is 
completely dissociated into ions in water. However, 
ethanoic acid is a weak electrolyte, i.e. it is only partially 
dissociated into ions. We can explain the shapes of the 
graphs in the following way. 

(a) Strong electrolytes 

In a concentrated solution of a strong electrolyte there 
are vast numbers of ions, but they are very close 
together. Indeed, owing to the attractions between the 
opposite charges, a positive ion will, on average, find 
itself surrounded by a sphere of negative ions. Similarly, 
a negative ion will be surrounded by positive ions. Each 
ion interferes with its neighbours. Therefore, if a positive 
ion attempts to move in one direction under the 
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Molar 

conductivity 
/S cm* mol 

Sodium chloride 

Ethanoic acid 

Dilution/cm? mol”! 

Figure 73.2 Graph of molar conductivity versus dilution for a 
strong electrolyte (sodium chloride) is markedly different to 
that for a weak electrolyte (ethanoic acid). Note: the lines have 
not been drawn to the same scale 

influence of the electric field between the plates in a 
conductivity cell, the surrounding negative ions will 
hold it back. Likewise the negative ions are restrained 
by the positive ions. Now, if we dilute the solution 
(increase the dilution), the ions are, on average, further 
apart and the amount of interference between them 
decreases (Figure 73.3). This is why the molar conduc- 
tivity of a strong electrolyte increases with dilution. To 
set against this is the fact that, as the dilution increases, 
there comes a time when the amount of interference is 
so small that further dilution has little or no effect. 
When this happens, the molar conductivity remains 
constant. We see this happening as the curve for 
sodium chloride levels off. The limit that the line 
approaches is the molar conductivity at infinite dilution, A®. 

Hydration 
spheres 

Figure 73.3 In a concentrated solution there is a great deal of 
ionic interference: the attractions between neighbouring 
oppositely charged ions are strong. In a dilute solution, ions 
are much further apart and have less influence on each other 



(b) Weak electrolytes 

In weak electrolytes a minority of the molecules are 
dissociated into ions. This is why the molar conductivity 
at low dilution is very small. As more water is added, 
more of the molecules dissociate into ions, so the molar 
conductivity increases. The graph for ethanoic acid 
shows that the increase in conductivity is not so rapid as 
for strong electrolytes. The line approaches a limiting 
value very slowly, and attempts to predict the limiting 
value that it might reach can give only very approx- 
imate answers. However, it is possible to give a good 
estimate for A® of a weak electrolyte (see question 

dN 

73.1 The cell constant of a conductivity cell was 
stated as 0.215cm™'. The conductance of a 
0.001 mol dm~* solution of potassium nitrate was 
found to be 6.6 x 1074S. 

(i) What is the conductivity of the solution? 

(ii) What result does this give for the molar conduc- 
tivity of potassium nitrate? 

73.3 Molar conductivities and the 

degree of dissociation 

When the conductivities of solutions were first investi- 
gated some 100 years ago, the difference between 
strong and weak electrolytes had not been established. 
The ratio A/A® was called the degree of dissociation. We 
now know that A/A® does not tell us about the degree of 
dissociation of strong electrolytes. Rather, the ratio is an 
indication of the amount of ionic interference in the 
solution. However, for weak electrolytes the ratio does 
give a measure of the degree of dissociation. 
We shall call K, the equilibrium constant for the dis- 

sociation of ethanoic acid in water: 

CH,COOH(aq) = CH;COO (aq) + H* (aq) 

ee: 

[CH,;COO™ (aq) ][H*(aq)] 
[CH,;,COOH(aq)] 

Let us suppose that 1 mol of ethanoic acid is in a volume 
V of solution. The acid is only partially dissociated into 
ions and we shall say that at equilibrium a fraction, a 
(alpha), is converted into ethanoate and hydrogen ions. 
Then we have the following pattern of concentrations: 

K,= a 

Concentration CH Slant ow He Soh (aq) + H*(a 
at equilibrium 1- a 

/mol dm~* V . V 

This means that : 

_ (alV)(a/V) 

(ONS AVA 
a 

q) 

or 

or 

(1—a)V 
Now, if we put a= A/A® we find 

K,= a 

— sh k= 
(L-AIN Vv 

This gives us a way of calculating an equilibrium con- 
stant from conductivity measurements. This formula 
was first given by Wilhelm Ostwald in 1888, and is 
known as Ostwald’s dilution law. 

73.2 A 0.001 mol dm solution of ethanoic acid was 
found to have a molar conductivity of 14.3 S cm? mol". 
Use this value together with A® (CH,COOR) = 390.7S 

cm? mol~' to calculate 

(i) the degree of dissociation of the acid, 

(ii) the equilibrium constant. 

73.4 How individual ions contribute 

to conductivities 

In 1874 the German chemist Friedrich Kohlrausch 

pointed out that there was good evidence to suggest 

that: 

The conductivity of a solution is the sum of 
individual contributions from the positive 
and negative ions. 

This is a statement of Kohlrausch’s law of independent ionic 

mobilities. 
For example, if we write the molar conductivities of 

individual ions as (the Greek lower-case letter 

‘lambda’) we should have 

A®(NaCl) = hae + Act A® (KCl) 

The individual 4 values are the ionic molar conductivities. 

Table 73.1 lists some values. 
We can use these values to estimate the molar con- 

ductivities of various salts. For example, 

Ba WE re 

Table 73.1. Values of ionic molar conductivities 

Ion A/S cm? mol"! Ion A/S cm? mol! 

Ht 349.8 Oe 198.3 

Gs 38.7 13 55.4 

Nat 50.1 Ccl- 76.3 

KG Visi) Bim 78.1 

Ag* 61.9 ie 76.8 
Ca2* 119.0 NO, 71.5 
Mg?* 106.2 SO,2- 159.6 
Cu?+ 107.2 C0327 138.6 
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A* (NaCl) = yas + Aq) = (50.1 + 76.3) S cm? mol"! 
= 126.4S cm? mol"! 

The figures in Table 73.1 show some surprising results. 
The value for the hydrogen ion is remarkably high. If 
we are to explain this we should first remind ourselves 
what happens when a more typical ion, say a sodium 
ion, moves through water. The ion carries with it an 
atmosphere of water molecules (Figure 73.4). This 
molecular baggage slows it down and impedes its prog- 
ress through the solution. 

Hydrogen ions appear to conduct so much better than 
sodium ions because of some subterfuge. They employ a 
different method of getting about: they indulge in mol- 
ecule hopping (Figure 73.5). Hydrogen ions, which are 
really protons, attach themselves to lone pairs on the 
water molecules. A proton on one water molecule can 
very easily find itself on a neighbouring molecule 
simply by swapping from one lone pair to another. The 
result is that conduction takes place by protons being 
passed from one molecule to another. The conduction 
process is something like the knocking down of giant 

Direction 
of travel 

There is a tail 
of water molecules 
that are carried 
along by the ion 

Water molecules have 
to be pushed out of 
the way here 

Figure 73.4 The atmosphere of water molecules around a 
moving ion is unsymmetrical 

H H H 
\ N 

HO Hoe OQ SlNsle=- (OQ) lel esee= eee ORE 

| | 
H H 

Positive charge 
starts here 

H H H 
\ \ \ ® 

Positive charge 
finishes here 

Figure 73.5 Swapping of hydrogen atoms between water 
molecules gives the impression that a proton (hydrogen ion, 
H"*) travels very quickly through a solution 
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layouts of dominoes. The wave of movement along the 
line of dominoes is the result of large numbers of small 
movements, just as the conduction by protons in water 
is the result of many small changes in the arrangements 
of the protons. 

73.3 This question is about calculating the molar 
conductivity at infinite dilution of the weak electrolyte 
ammonium hydroxide, NH,OH, more properly known 
aS aqueous ammonia. The molar conductivities of 
three strong electrolytes were measured, values in S 
cm? mol~': NaCl, 126.4; NaOH, 248.4; NH,Cl, 149.8. 

(i) We can write these in terms of the individual ionic 
molar conductivities. Write down the three equations. 
(One of them is already done for you in the text.) 

(ii) Try to spot how the three equations can be com- 
bined so that Ay,, and Ag- cancel out. This should 
allow you to complete the equation Ayy,.+ Aon =---- 
This is the answer to the question. 

73.4 Use your answer to question 73.3 and the data 
in Table 73.1 to find the value of Ayy,.. 

73.5 The lithium ion has a radius of 68 pm. By com- 
parison the radius of a sodium ion is 98 pm. In spite of 
its smaller size, the lithium ion has a smaller molar 
conductivity than the sodium ion. You might think this 
surprising because it seems to make sense that the 
smaller the ion, the more easily it will travel through a 
solution. Why then does the lithium ion travel less 
easily than a sodium ion? 

73.6 Experiment shows that, for strong electrolytes, 
a graph of A against Vconcentration (i.e. Vc) is a 
Straight line, provided the concentration is not too 
large. This provides a way of determining A”. Plot this 
type of graph using the following results for sodium 
hydroxide solutions: 

0.01 0.04 0.09 0.16 0.25 0.36 c(NaOH)/mol 
dm~? 

A/S cm? 230 aeeoO) eee4 

mol! 
217: ) 210) 202 

(i) What is the dilution when Vc =0? 
(ii) Use your graph to estimate the value of A% for. 
sodium hydroxide. 

73.5 How can we make use of 
conductivity measurements? 

We have discovered that conductivity measurements 
can give us some insights into the nature of solutions of 
strong and weak electrolytes. It is possible to make prac- 



tical use of this knowledge. If ions are removed from a 
solution, then the conductivity of the solution will 
decrease. A conductivity apparatus would show that the 
conductance (l/resistance) of the solution should 
decrease. We can make use of this fact by performing a 
conductimetric titration. We shall look at the result of 
titrating a strong acid with a strong alkali, e.g. 
hydrochloric acid and sodium hydroxide. 

The conductivity cell is placed in the sodium hydrox- 
ide and hydrochloric acid is added from a burette in the 
normal way. Initially, the conductance will be high 
because the free sodium and hydroxide ions conduct 
easily. However, when the first few drops of 
hydrochloric acid are added, some of the hydroxide ions 
are removed owing to the neutralisation 

H* (aq) + OH (aq)—>H,0(1) 

Because this removes ions from the solution, the con- 
ductance should decrease; but we should not forget that 
along with the added hydrogen ions come chloride ions 
in the hydrochloric acid. Adding chloride ions will tend 
to increase the conductance. However, if you look at 
Table 73.1 you will see that chloride ions conduct less 
than half as well as hydroxide ions. The overall result is 
that the conductance goes down. The decrease in con- 

Conductance 

Volume of 
Endpoint acid added 

Figure 73.6 Graph of conductance versus volume of acid 
added in a titration of sodium hydroxide with hydrochloric 
acid. 

ductance continues until the endpoint of the titration. 
At the endpoint all but a very few hydroxide ions have 
been neutralised by the hydrogen ions. With the next 
drop of acid added, the hydrogen ions from the acid 
remain in the solution. We know that hydrogen ions 
will contribute hugely to the conductance, so the effect 
of their addition, together with the chloride ions that 
accompany them, means that the conductance 
increases. The result is that we obtain a graph like that 
in Figure 73.6. This type of graph can be drawn by 
hand, but it is far easier to connect the conductivity 
meter to a graph recorder or computer and record the 

results automatically. 
Titrations of other combinations of weak and strong 

acids and alkalis can also be followed, but the graphs 
can be less easy to interpret. 

73.7 The graph of a conductimetric titration is 
shown in Figure 73.7. It corresponds to the addition of 
a strong alkali, sodium hydroxide, to a weak acid, 
ethanoic acid. Explain the shape of the graph. (The 
molar conductivity of an ethanoate ion, CH;COO", is 
41S cm? mol"'.) 

Conductance 

Volume of 
alkali added 

Figure 73.7 Graph for question 73.6 

Answers 

73.1 (i) Conductivity = conductance x cell constant 
=1.42x102S em 

(ii) Molar conductivity = conductivity x molar dilution 
=1A2<10e scm! 

x 1000 000 cm? mol"! 
= 142S cm? mol"! 

73.2 (i) a=14.3S cm? mol-'/390.7S cm? mol"! 
= 0.037. 

23 

(ii) Ke aaa 1.4 10-5mol dm-2 

73.3 (i) Anat + Ac = 126.4 

Anat + AoH- = 248.4 

Anne + Ac = 149.8 

Each has units S cm? mol", which for convenience we 
shall omit in the working. 

(ii) We want to end up with the value of Ayu,+ +Aon-, SO 
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Answers — cont. 

we need to cancel out the contributions from the sodium 
and chloride ions. We can do this by taking 

(Anuy+ + Aci) + (Anat + Aon-) — (Anat + Aci) 
= 149.84 248.4—-126.4 

which gives the result 

Anny + AoH- = 271.8S cm? mol 

73.4 We have Aoy- = 198.3S cm? mol™', So Ayy,+ 
=73.5S cm? mol". 

73.5 The lithium ion is a very dense centre of charge, 
and water molecules are attracted to it extremely 
strongly. The ion carries several layers of water mol- 
ecules around it, which greatly increase the effective 

size of the ion. Hence it does not conduct so well as a 
sodium ion. 

73.6 (i) The dilution is infinitely large. A becomes 
equal to A” when \/c =0. 

(ii) Your graph should give an approximately straight 

line, which extends back to hit the A axis near 

245Scm* mol~'. This is the (approximate) value of 
A®(NaOk). 

73.7 Ethanoic acid is only partially ionised in solution 
so the conductivity is not very large at the start. 

CH3;COOH(aq) = CH;COO (aq) + H* (aq) 

When sodium hydroxide is added, many of the hydrogen 
ions react to make water. Thus hydrogen ions are 
removed from the solution; but sodium ions are added, 
and there are more ethanoate ions in the solution. Over- 
all this brings about a lowering of the conductivity 
because the molar conductivities of the sodium and 
ethanoate ions are much lower than that of the hydrogen 
ions that are lost. Once all (or nearly all) the ethanoic 
acid molecules have had their hydrogen ions 
neutralised, the conductivity shows a marked increase. 

This is because there are now free hydroxide ions in the 
solution, which have a fairly high molar conductivity. 

UNIT 73 SUMMARY 

Conductivity is measured using a conductivity cell. 
Conductivity is given by 

] 

where R is cell resistance and A is cross-sectional 

area. 

Conductance = 1/R. 

Molar conductivity is the conductivity that we 
would expect the solution to have if it were to 
contain 1 mol of a substance: 

A=XV im 

V, 

1 mol of substance). 
Conductivity values depend on the number of ions 

in solution. 

A strong electrolyte is completely dissociated into 
ions. 

A weak electrolyte is only partially dissociated into 
ions. 

In a concentrated solution of a strong electrolyte the 

, is the dilution (volume that would contain 
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ions interfere with each other’s movements. This 

reduces the conductivity. 
@ The ratio A/A® is a measure of the degree of 

dissociation a of a weak electrolyte. 
@ For a weak electrolyte HA=H* + A7 

Sees 
or 

en ARNG) P 
Ka= TT AIA®)V 

@ Kohlrausch’s law of independent ionic mobilities 
says that: 
The conductivity of a solution is the sum of the 
individual contributions from the positive and 
negative ions; e.g. 

A? (NaCl) =)waet he A® (KCl) =Aqs Pee 

@ Conductivities can be used to find the endpoints in 
titrations. 



Acids and bases 

74.1 Early ideas about acids 

It has been known for well over 300 years that acids 

have a sour taste and react strongly with a wide variety 

of substances, such as metals. Similarly, bases were 

known to react with acids, and alkalis to have a soapy 

feel to them. The early chemists found it difficult to 

decide upon a reason why acids had a set of properties 

in common. One of the more successful ideas was that 

‘acids contain oxygen’, a view for which the great 

French chemist Antoine Lavoisier was primarily 

responsible. Unfortunately for Lavoisier, and for the 

advance of chemistry, Lavoisier was held to be respon- 

sible for a great deal more than his ideas on acids. He 

Antoine Lavoisier before his untimely end at the hands of the 

executioner. 

was guillotined during the French revolution on 8 May 
1794. The connection between oxygen and acidic 
properties is valid for a number of common acids such 
as sulphuric acid (H,SO,) and nitric acid (HNO3), but, 
for example, it does not fit hydrochloric acid (HCl). 

The search for the common factor in acids came to a 
head during the 1830s when the German chemist 
Justus von Liebig (of Liebig condenser fame) wrote: 

Acids are ... hydrogen compounds in which the hydro- 
gen may be replaced by metals. 

His and many others’ work on acids has led to the 
following standard definition of an acid in introductory 

chemistry books: 

An acid will (i) give hydrogen with a metal, 
(ii) neutralise a base to give a salt and water 
only, and (iii) give carbon dioxide with 
carbonates. 

This summarises a great deal of information about the 

properties of acids, but does not tell us anything about 

their chemical structures except that they contain 

hydrogen as one of their elements. 

74.2 Acids give hydrogen ions in 
solution 

A significant advance was made in the study of acids 

when it was found that solutions of acids conducted 

electricity extremely well. This piece of experimental 

evidence tells us that acidic solutions contain 1ons. 

Indeed, the link between Liebig’s observation about 
acids and the presence of ions makes the following pro- 

posal particularly appealing: 

Acids provide hydrogen ions, H*(aq), in 
solution. 

The simplest way of explaining this is to suggest that 
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when a molecule like hydrogen chloride dissolves in 
water, it dissociates into ions: 

HCl(g) + water— H* (aq) + Cl (aq) 

However, there is considerable evidence to show that 
the active ingredient of an acidic solution is not a simple 
hydrogen ion, H*(aq); rather, it is the oxonium ion, 
H,O*(aq). (Oxonium ions are also known as 
hydronium ions.) We now believe that when hydrogen 
chloride dissolves in water there is a chemical reaction: 

HCl(aq) + H,O(1) > H,O* (aq) + Cl (aq) 

Much the same sort of thing happens with the other 
common acids, as shown in Figure 74.1. 

= O > 

Ne \ / 

1 11 \ 
= O # 

Yo HA 

H,SO, + 2H,O——» SO,”* + 2H,0* 

H 

( Qo 0 Oo 
\ pee aa \ / oe eo i 

H a N On 

5 5 Ae 

HNO, + H,O ——»NO, + H,0* 

H 

H ao O —— i + 

\/ Ox \/ 13 | 
cl H —— ci On 
1 11% or 

0: "6 oO -O 

HClO, + H,O Clo," + H,0* 

Figure 74.1 When sulphuric, nitric and chloric(vil) acids mix 
with water, oxonium ions (H,0*) are made 

74.3 The Bronsted theory of acids 
and bases 

One of the problems with the last definition of acids is 
that it is rather restrictive. For one thing it has become 
common for chemists to carry out reactions in solvents 
other than water. These non-aqueous solvents include 
liquid ammonia and liquid sulphur dioxide. We would 
find it hard to accept that acids of one type or another 
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cannot exist in these solvents; but we cannot apply a 
definition of acid behaviour that refers to oxonium ions 
in water to them. 

It was in 1923 that the Danish chemist J. N. Bronsted 
provided a new definition of an acid and of a base: 

Acids are proton donors. 

Bases are proton acceptors. 

This fits with our earlier definition, but can be applied to 
many other areas of chemistry as well. For example, 
when hydrogen chloride reacts with water, the hydro- 
gen chloride can be said to donate a proton to a water 
molecule. The proton becomes bonded to one of the 
lone pairs on a water molecule. 

We can apply Brensted’s idea of an acid to a reaction 
that would not fit our previous ideas about acids. For 
example, in liquid ammonia, hydrogen chloride and 
ammonia molecules react in this way: 

HCl(a) + NH;(a) > NH,* (a) + Cl (a) 

Here we have written an ‘a’ in brackets to show that the 
different ions and molecules are surrounded by the 
solvent moiecules, in this case ammonia rather than 
water. The hydrogen chloride is again acting as an acid, 
but because it is donating a proton to an ammonia mol- 
ecule (Figure 74.2), not because it is producing oxonium 
ions. 

This proton will be donated 
to the ammonia molecule 

Figure 74.2 Hydrogen chloride acts as a Bronsted acid when 
it reacts with ammonia 

We can also see how Brensted’s definition can be 
applied to bases. When a water molecule reacts with 
hydrogen chloride it accepts a proton and turns into an 
oxonium ion. Therefore, in this reaction the water is 
acting as a base. Similarly, an ammonia molecule is a 
base when it reacts with hydrogen chloride. 

If a metal oxide or hydroxide dissolves in water, an 
alkali is made. Alkalis such as sodium hydroxide or 
potassium hydroxide are often used in laboratories. It is 
the hydroxide ions they contain that are the Bronsted 
bases. One of the simplest reactions in chemistry is the 
neutralisation of an ‘acid’ by a ‘base’, which in an 
introductory chemistry book might be written as 

HNO, (aq) + NaOH(aq) > NaNO, (aq) + H,O(1) 

Really the nitric acid solution is a mixture of oxonium 
ions and nitrate ions: 



HNO, (aq) + H,O(1) > H,0* (aq) + NO; (aq) 

The sodium hydroxide solution is a mixture of sodium 
ions and hydroxide ions: 

NaOH(aq) — Na‘ (aq) + OH (aq) 

The overall reaction between the two solutions is 

H,0* (aq) + OH (aq) 2H,0(1) 

Here the oxonium ion donates a proton to the hydrox- 
ide ion (Figure 74.3). Alternatively we can say that the 
hydroxide ion accepts a proton from the oxonium ion. 
Thus, in this reaction the hydroxide ion is a Bronsted 
base. 

: = Nees Tis > 
meer a. L aE ye | the ni 

H a a Oe 

HOF OH” H,O H,0 

This proton will be donated to 
the neighbouring hydroxide ion 

Figure 74.3 In the reaction between a hydroxide ion and an 
oxonium ion, the former is a Bronsted base and the latter a 

Bronsted acid 

This theory of acid and base behaviour is often called 
the Bronsted—Lowry theory. However, it was Bronsted 
who was really responsible for the theory; the contribu- 
tion of the chemist T. Lowry was not so important, and 
we shall simply speak about ‘Bronsted acids’ or 

‘Bronsted bases’. 

74.1 Write down the equation for the reaction that 
takes place when sulphuric acid is neutralised by pot- 
assium hydroxide solution. 

74.2 In the reaction between sodium hydride and 
water: 

H~(aq) + H2O(!)—> OH (aq) + H2(g9) 
is the water acting as a Bronsted acid, or is ita base? 

74.3. In pure ethanol, C,H;OH, the following 
equilibrium can exist with ammonium ions: 

NH,*(e) + CzH.OH(1)=NH,(e) + C,H,OH,*(e) 
where (e) means that the chemicals are surrounded 
by ethanol molecules. Does the ethanol behave as a 
Bronsted acid? 

74.4 The Lewis theory of acids 
and bases 

The American G. N. Lewis was a very influential chem- 
ist who decided that an even more general theory of 
acids and bases was possible. His definition (proposed in 

1923) was that: 

Acids are electron pair acceptors. 

Bases are electron pair donors. 

We can see how this idea fits with a neutralisation reac- 
tion such as that between oxonium ions and hydroxide 
ions. In Figure 74.3 the diagram shows the transfer of a 
proton onto one of the lone pairs on the hydroxide ion. 
We can interpret this in a different way by saying that 
the hydroxide ion donates one of its lone pairs to the 
proton. This makes the hydroxide ion a Lewis base. The 
proton accepts the lone pair, so it is the Lewis acid. 

H 1B dé H F 
\ve/i \ 

Ei Nes) Bae => H—N =k 
/ | / 

H je x H F 

Empty 
2p orbital 

The ammonia molecule donates 

a lone pair to the BF3: itis a 

Lewis base 

Figure 74.4 The reaction between ammonia and boron 
trifluoride can be thought of as a reaction between a Lewis 

base and Lewis acid 

H 
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Tetraamminecopper(i!) 

Figure 74.5 When the tetraamminecopper‘(il) ion is made, the 
ammonia molecules act as Lewis bases: each one donates a 
lone pair to the copper(ii) ion. (Two water molecules also 
bonded to the Cu?* ion are not shown) 
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Now look at the reaction between ammonia and 
boron trifluoride illustrated in Figure 74.4. The lone 
pair on the ammonia molecule is donated to the empty 
p orbital on the boron atom (see Unit 15). The ammonia 
is acting as a Lewis base, and the boron trifluoride is a 
Lewis acid. 

Lewis’s theory can be applied to a wide range of reac- 
tions that we would not otherwise think of being 
related to acids and bases. An example is the reaction in 

74.4 If you look at Unit 15 you will find an explana- 
tion of why aluminium trichloride can be found as 
dimers, Al,Cl,. After reading the explanation, say 
whether aluminium trichloride is a Lewis acid or base 
(or is it both?). 

74.5 Describe the reaction between ammonia mol- 

ecules and hydrogen ions: 

NH,(aq) + H*(aq)— NH,*(aq) 

in terms of Lewis acids and bases. 

74.6 Ammonia solution is used in the test for silver 

Answers 

74.1. The reaction is between oxonium ions and 
hydroxide ions: 

H30* (aq) + OH (aq) 2H,O(I) 

74.2 The water molecule loses a proton, so it is a 
Bronsted acid. The hydride ion takes the proton, so it 
is a Bronsted base. 

74.3 No. It accepts a proton from the ammonium 
ion, so it is a Bronsted base. 

74.4 You should see that one aluminium trichloride 
molecule both accepts and donates a lone pair of 
electrons from the other molecule. Here we have an 
example of a molecule that is both a Lewis acid and 
base at the same time. To be more precise, the 
aluminium atom is the Lewis acid and chlorine the 
Lewis base. 

74.5 The lone pair on the nitrogen atom is donated 
to the empty 1s orbital belonging to the hydrogen ion. 

which we test for copper(m) ions by adding ammonia 
solution (Figure 74.5). A deep blue clear solution is 
produced owing to the production of the tetraammine- 
copper(II) complex ion, Cu(NH;),’*(aq). This ion is 
formed by each of the four ammonia molecules donat- 
ing its lone pair to d orbitals on the copper(m) ion. Here 
the ammonia molecules are Lewis bases, and the cop- 
per(il) ion is a Lewis acid. 

ions (section 101.7). The final stage in the reaction is 

2NH,(aq) + Ag*(aq)— Ag(NHs),* (aq) 
What is the Lewis acid, and base, in this reaction? 

74.7 Ethoxyethane (diethyl ether), (C,H.).O, is an 
organic molecule that has more than a passing 
similarity to water, H,O. 

(i) What allows ethoxyethane to behave as a Lewis 
acid? 

(ii) Ethoxyethane can react with boron trifluoride. 
Predict what is made in the reaction. 

Therefore the ammonia is a Lewis base and the 
hydrogen ion is a Lewis acid. 

74.6 The silver ion accepts the lone pairs from the 
ammonia molecules. Therefore the silver ion is the 
Lewis acid, and ammonia the base. 

74.7 (i) The ether has two lone pairs on the oxygen, 
like water. 

(ii) The reaction makes a product very much like that 
between ammonia and boron trifluoride. The ether 
donates one of its lone pairs to the empty p orbital on 
the boron atom. Thus the ether is a Lewis base, and 
the boron trifluoride a Lewis acid. You might also 
notice that boron trifluoride cannot be regarded as a 
Bronsted acid (it has no protons to donate). However, 
as we know, it can be a Lewis acid (electron pair 
acceptor). Lewis theory is more powerful than 
Bronsted theory because Lewis theory encompasses 
a greater variety of possibilities. 

UNIT 74 SUMMARY 

@ Brensted—Lowry theory: 
Acids are proton donors. 
Bases are proton acceptors. 
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@ Lewis theory: 
Acids are electron pair acceptors. 
Bases are electron pair donors. 



Strong and weak acids 

75.1 What is the difference between 

strong and weak acids? 

Typically we think of hydrochloric, nitric and sulphuric 
acids as strong acids. By saying that they are strong 
acids we usually mean that the acid molecules are 
almost completely dissociated into ions in solution (Table 

75.1). For example, the equilibria 

HCl(aq) + H,O(1) = Cl (aq) + H30* (aq) 

H,SO,(aq) + H,O(1) =HSO, (aq) + H;O* (aq) 

HNO, (aq) + H,O(1) =NO, (aq) + H,O0* (aq) 

all lie far to the right. 
On the other hand, weak acids have equilibria that 

.are more balanced in favour of the undissociated mol- 
ecules (Table 75.1). Examples are ethanoic acid, phos- 

phoric(v) acid and hydrogen sulphide: 

CH,COOH(aq) + H,O(1) = CH,COO- (aq) + H;0* (aq) 
H,PO,(aq) + H,O(1) =—H,PO, (aq) + H,O* (aq) 

H,S(aq) + H,O(1) =HS (aq) + H,0O* (aq) 

You should be careful not to confuse the meaning of 
‘strong’ and ‘concentrated’ when talking about acids 
(see Table 75.1). As we have said, strength refers to the 
degree of dissociation of the acid molecules into ions. 
However, concentration refers to the number of moles 
of the acid in a given volume of water. For example, if 
we dissolve 10 mol of sulphuric acid in 1 litre of solu- 
tion, we would have a concentrated strong acid. If we 
dissolved just 0.001 mol of the acid in 1 litre of solution 
we would have a dilute solution of a strong acid. 
Similarly, 10 mol of ethanoic acid in 1 litre of solution 

would make a concentrated solution of a weak acid. If 

Table 75.1. The differences between strong and 

weak acids 

are completely dissociated into ions 
are partially dissociated into ions 
have many moles of acid in a litre 

of solution 
have few moles of acid in a litre of 

solution 

Strong acids 
Weak acids 

Concentrated acids 

Dilute acids 

we put 0.001 mol of ethanoic acid in 1 litre of solution 

we would have a dilute weak acid. 
Shortly you will discover how we can make our ideas 

on strong and weak acids rather more exact. Instead of 
thinking about how particular molecules behave in 
water, we shall take a broader view and compare the 
ability of acids to donate protons. 

75.1. A student saw a bottle marked ‘Acid: pH=5’ 
on the label. He said to his friend that the bottle must 
contain a very weak acid. Was he correct? 

75.2 Conjugate acids and bases 

For an acid to show its acidic nature it has to react with 
a base (and vice versa). This means that we can only 
decide whether a chemical is an acid or a base by look- 
ing at the particular reaction in which it is involved. If 
we do this for the reaction between ammonia and 

water, we have: 

NH;(aq) + H,O(1) = NH,*(aq) + OH (aq) 
base X acid Y acid X base Y 
gains donates donates gains 

a proton a proton a proton a proton 

If we concentrate on the forward reaction, a water mol- 

ecule is a Bronsted acid because it donates a proton to 

an ammonia molecule. On the other hand, if we look at 

the reverse reaction, the ammonium ion can donate a 

~ proton to a hydroxide ion. This makes the ammonium 

ion an acid and the hydroxide ion a base. 

You can see that an acid on the left-hand side of the 

equation turns into a base on the right-hand side, and 

vice versa. An acid and base pair like water and hydrox- 

ide ion is called a conjugate acid and base. Similarly, an 
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ammonium ion and an ammonia molecule make 
another conjugate acid and base pair. We have shown 
the conjugate pairs by labelling them as X and Y below 
the equation. 

Here is another example: 

® 

Nadia 5,0 ie 
ae wis O. eS Olly 4 O 
Ao ol we Nu Cie H Za Na 

HCl(g) ap asl(Ox(|) = Cl (aq) ar H,O* (aq) 
acid X base Y base X acid Y 
donates gains gains donates 
a proton a proton a proton a proton 

Now compare this reaction with the previous one. The 
water acts as an acid with ammonia, but as a base with 
hydrogen chloride. In other words, it would be silly of 
us to say that ‘water is an acid’ or ‘water is a base’ in 
absolute terms; it all depends on the reaction. 

It so happens that hydrogen chloride is a stronger acid 
than water, but water is a stronger acid than ammonia. 
Alternatively, ammonia is a stronger base than water, 
and water is a stronger base than hydrogen chloride. 

75.2 Label the conjugate acids and bases in these 
reactions: 

(i) S* (aq) + H30* (aq) =HS~ (aq) + H,O(1) 

(ii) NoH,(aq) + H,O(!) =N,H,* (aq) + OH (aq) 
(iii) NH,~ (aq) + H,O(I) = NH,(aq) + OH (aq) 

(iv) CH;COOH(aq) + H,O(l) = 
CH;COO (aq) + H,O* (aq) 

75.3 The ionic product of water 

Water molecules take part in an equilibrium reaction 

2H,O(1) =H,;0* (aq) + OH (aq) 

The equilibrium equation says that two water mol- 
ecules can react to make two different ions. This reac- 

tion is sometimes called the autoionisation of water. 

A simpler way of representing the equilibrium is 

H,O(1) =H* (aq) + OH (aq) 

The equilibrium constant is given a special symbol 
and name. Its symbol is K,, and it is known as the ionic 
product of water: 

K,, = [H30* (aq) ] [OH (aq) ] 

or 

K, = [H* (aq)] [OH (aq)] 

At 298K, the value of K,, is 107'* mol? dm~°. 
Because it is a little more simple, we shall generally 

use the second of the two equations. 
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Normally we would write the equilibrium constant 
like this: 

x — LH" (aq) LOH (aq)] 
[H,0(1)] 

or 

K.[H,0 (1)] = [H* (aq) ][OH™ (aq)] 

But the concentration of water is for all intents and 
purposes constant, and a constant multiplied by a con- 
stant is another constant, so we can put 

K[H,0(I)] = Ky, 
Hence the absence of [H,O(1)] from the ionic product of 
water. 

If water is pure, the equilibrium equation shows us 
that there are equal numbers of hydrogen and hydrox- 
ide ions. This means that the concentrations of the two 
types of ion are equal: 

[H*(aq)] = [OH (aq)] 

SO 

[H*(aq)]? = 107-!* mol? dm-® 
[H*(aq)] = 1077 mol dm7? 

According to the definition of pH (p. 404), we have 

pH = —Ig[H*(aq)] = —1g(10~”) 
es 

pH=7 

This is the pH of pure water, which defines our standard 
of pH for a neutral solution. 

If we add hydrogen ions to water, e.g. by pouring in 
hydrochloric acid, so that the hydrogen ion concentra- 
tion increases to 0.1 mol dm~? at equilibrium, then 

pH = —1g(107') =1 

This shows us that: 

On the other hand, if we pour alkali into water, the 
water equilibrium will shift to the left in order to ‘mop 
up’ the added hydroxide ions. That is, the concentration 
of hydrogen ions will decrease. If we assume that in an 
alkali like sodium hydroxide solution the concentration 
of hydroxide ions is 0.1 mol dm~? (107! mol dm~*) we 
shall have 

[H*(aq)] X 10-'mol dm~*= 1074 mol? dm~° 

sO 

[H*(aq)] = 107'? mol dm~? 

and 

pH= 13 

This shows us that: 

The pH of an alkaline solution is more than 7. 



If we add hydrogen ions to water, the equilibrium 
will shift to the left and hydroxide ions will combine 
with some of the added hydrogen ions. However, as is 
always the case with equilibrium constants, provided 
the temperature does not change, K,, will keep the same 
value. If the concentration of hydrogen ions at 
equilibrium changes to 0.01 mol dm~? (10~? mol dm~’), 
we shall have 

10-? mol dm-? X [OH (aq) ] = 107 * mol? am>* 

sO 

[OH (aq)] = 107 '? mol dm~? 

In the majority of cases the solutions we use in 
chemistry vary in pH between 0 and 14, as shown in 
Table 75.2. 

Table 75.2. How pH varies with hydrogen ion 
concentration 

[H* (aq) ]/mol dm~* pH Conditions 

1.0 0 Highly acidic 
Og 1 

RO 2 

Os? 5 
On 4 Slightly acidic 
10%? 5 

Or? 6 

OWE Z Neutral 
10-8 8 

glOF? 9 

Nort? 10 Slightly alkaline 
TOm Jib 

Ogee 12 

NORE LS 

Nag 14 Highly alkaline 

75.3 What is the concentration of hydrogen ions 
and hydroxide in: 

(i) a 0.01 mol dm solution of hydrochloric acid, 

(ii) a 0.25 mol dm-$ solution of hydrochloric acid? 

75.4 Like all equilibrium constants, the ionic pro- 
duct of water changes its value as the temper- 

ature changes. At 25°C we know that K,,=10° "4 
mol? dm-®. At 65°C, its value changes to K,, 
=2.92 x 10° '* mol? dm ®. 

(i) Is the dissociation of water into ions an exothermic 
or an endothermic process? 

(ii) What is [H*(aq)] at 65°C? 

(iii) What is the pH of water at 65°C? 

(iv) What pH corresponds to a neutral solution at 
65°C? 

75.4 Acid dissociation equilibrium 
constants 

A typical weak acid is ethanoic acid, CH,;COOH. In 
water, an equilibrium is set up as some of the ethanoic 
acid molecules dissociate into ions: 

CH,COOH(aq) = CH,COO~ (aq) + H* (aq) 

Alternatively we could write this as 

CH,COOH(aq) + H,O(1) = CH,COO- (aq) + H,O0* (aq) 

but the first equation is easier to use. 
The equilibrium constant for the reaction is called the 

acid dissociation constant of ethanoic acid, K,. As you 
might expect by now, 

_ [CH,COO “(aq)][H*(aq)] 
[CH,COOH(aq)] 

The value of K, for ethanoic acid is 1.7 X 10-* mol dm~? 
At 25G: 

Table 75.3 shows you values of K, for a number of 
acids. The larger the value of K,, the stronger is the acid. 
In much the same way as we find it simpler to use a pH 
scale that provides us with whole number figures, so it 
is with acid dissociation constants. We define the pK, of 

an acid by 

K, a 

pK, = —lgk, 

According to this definition: 

The smaller the value of pK,, the stronger the 
acid. 

Table 75.3. Table of acid dissociation constants, and pK, values* 

Acid Equilibrium K,/mol dm~* pK, 

Ethanoic CH;COOH(aq) = CH,;COO (aq) +H“ (aq) 1 8 cnOine 4.7 

Benzoic C,H;,COOH(aq) =C,H;COO (aq) +H* (aq) 6x10"? 4.2 

Methanoic HCOOH (aq) = HCOO (aq) +H* (aq) 1.6x 10-4 3.8 

Chloroethanoic~ CH,CICOOH (aq) = CH,CICOO (aq) +H* (aq) 13x 1077 2.9 

Dichloroethanoic CHCI,COOH (aq) = CHCI,COO (aq) + H* (aq) 5.01002 Ls 

Trichloroethanoic CCl,COOH (aq) = CCl,COO (aq) +H (aq) 23x10" 0.7 
2 

*Values of K, are at 25°C 
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Each of the equilibria in Table 75.3 has the same 
pattern. It is 

acid = conjugate base + hydrogen ion 

There are many more acids and conjugate bases than 
are shown in the table. If you are willing to use a short- 
hand way of writing down the information, you will 
find the order of acid and base strengths for a much 
wider range of chemicals in Table 75.4. The information 
in the table shows you that there is pattern to the con- 
nection between an acid and its conjugate base, and 
vice versa: 

The weaker the acid, the stronger the conju- 

gate base. 

The stronger the acid, the weaker the conju- 
gate base. 

Table 75.4. Table of acid and base strengths* 

Acid Conjugate base K,/mol dm~? pK, 

HClO, Glow Very large Small 
HI i Very large Small 
HBr Br Very large Small 
HCl Cla Very large Small 
H,SO, HSO,~ Very large Small 

HNO, NO, Very large Small 
H;,0* H,0 Very large Small 
H,SO, HSO;— 171 Om? 1.8 
HSO, SOs-s WSU: 1.9 
HEPO, HPO; Foxe Dal 
HF BF 7.02 10m Shap) 

HNO, NO, AS <MOws 23 
CH;,COOH CH;COO- 1.8X107> 4.7 
HeGOs HEOks 4.21057 6.4 
H,S HSs 1, O>-GllOm 7.0 

HSO,” SOs7> 5.6 100% Tes 
NH,* NH, 5.6X107}° 9.3 
HCN CNG AOSUO? 9.4 

HCO; CO 4.8X10° 1 10.3 
HPO POles 44x 10m. 12.4 
H,0 OH- TLOSG Ome s 14.0 
CH;0H CH,07 Very small Large 
NH, NH, Very small Large 

*Adapted from: Jensen, W. (1980). The Lewis Acid—Base 
Concepts, Wiley, New York, p. 53 

75.5 What makes an acid strong? 

There are four main things that a chemical needs in its 
favour if it is to behave as a strong Bronsted acid. 

The first factor is that: 

The ion it makes must be energetically stable. 

For this to happen it should be possible for the charge 
on the ion to be spread out rather than concentrated in 
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one place. (We discussed examples of these ‘resonance 
stabilised’ ions in section 14.7.) 

A similar state of affairs helps us to understand why 
organic compounds such as ethanoic acid are acidic in 
water. The negative charge on the ethanoate ion, 
CH;COO, is spread over three atoms, as shown in 
Figure 75.1. 

Figure 75.1 The charge on an ethanoate ion, CH;,COO, is 
spread over two oxygen and one carbon atoms. This delo- 
calisation of charge contributes to the energetic stability of the 
ion 

The second factor is that: 

Once the ion is made, it should not easily 

change back into the molecule from which it 
came. S 

The best way of ensuring this is to have it surrounded 
by a layer of insulating material. The effectiveness of the 
insulating power of a liquid is its relative permittivity 
(also called the dielectric constant): the higher the rela- 
tive permittivity, the greater the insulating ability. It so 
happens that water has a very high relative permittivity 
of about 80 (Figure 75.2). It is this value that is partly 
responsible for the strengths of hydrochloric, sulphuric 
and nitric acids in water. 
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The water molecules between nitrate and 
hydrogen ions act as a layer of insulation. 
The layer keeps the ions apart 

Figure 75.2 Water is a solvent with a high relative permittivity 

The third factor is that: 

The nature of the parent molecule, or ion, 
should encourage the loss of a proton. _ 



A water molecule 

bonded to the Fe°* ion 

is polarised by the 

3+ charge 

Even more + charge 
than on a lone water 

molecule 

Wwe 
O ® O 

ya WAS 
H H 

Overall: Fe(H,0),°* + H,O —» Fe(H,0),(OH)?* + H,0* 

Figure 75.3 One way of explaining why solutions of iron(ii|) 
Salts in water are acidic 

We can see this happening in the case of some rather 
unusual Bronsted acids. The complex ion, hexaaqua- 
ferrate(Ill), Fe(H,O),°*, is produced when many 
iron(II) compounds are dissolved in water. It is the 
presence of this ion that makes solutions of iron(Im) salts 
slightly acidic (Figure 75.3). The equilibrium 

Fe(H,0),** (aq) + H,0(1) = 

Fe[(H,O);OH]?* (aq) + H,O* (aq) 

is set up. Here the charge on the central iron atom is so 
large that it polarises the water molecules that are 
attached to it. This weakens the bonds between the 
hydrogen and oxygen atoms, and one of the protons 
can be donated to a neighbouring (solvent) water 
molecule. 

In Table 75.3 you can see that the strengths of 
ethanoic acids substituted with chlorine change in the 
order 

CCl, COOH > CHC1,COOH > CH,CICOOH > CH,COOH 

Chloroethanoic acid, CH,CICOOH, is a stronger acid 
than ethanoic acid. Part of the explanation for this con- 
cerns the highly electronegative chlorine atom. A 
chlorine atom attracts electrons towards itself, so when 
the negative ion is made, some of the charge is spread 
over the chlorine atom (Figure 75.4). Indeed, the 
greater the number of chlorine atoms, the greater is the 
spread of charge. We have seen before that spreading 
charge over an ion leads to increased energetic stability; 
so we might expect that the formation of CCl,COO7 
would be more favoured than CCl,HCOO7, and so on, 
with CH,COO~ the least favoured. However, the 
enthalpy change for the production of CCl,COO7 
endothermic, while that for CH,COO™ is exothermic. 
This does not match our prediction. The reason is a little 
complicated, and we must jut to thermodynamics for 
help: 

CH,COOH(aq) > CH,COO (aq) + H* (aq); 
AH®= —0.4kJ mol"! 

AS?==99 K7iimel 

Cl 

Figure 75.4 The highly electronegative chlorine atoms help to 
spread charge over the negative ions made from the 
chloroethanoic acids 

CCl, COOH(aq) > CC1,COO~ (aq) + H* (aq); 
AH?®=+4kJ mol"! 

AS®=+8J K"! mol"! 

Owing to the way the charge is spread over CC1,COO , 
the ion represents a less attractive centre to water mol- 
ecules than does a CH,;COO™ ion. The more localised 
charge in CH,;COO™ leads to a greater hydration energy 
for this ion, and a correspondingly more negative value 
of AH®. On the other hand, there is an increase in 
entropy for the production of CCl,cCOO™ ions, and a 
decrease for the production of CH,;COO~. A major 
reason for this lies in differences in the hydration 
spheres around the ions. Assuming that water mol- 
ecules are more strongly attracted to CH,;COO ions, 
they will be more tightly held, and thereby suffer a 
greater loss of movement (and a corresponding loss of 
translational energy levels open to them). If you use the 
equations AG® = AH® — TAS® and AG® = — RT In K, you 
will find that the value of the equilibrium constant for 
CH,COOH is about 10~° whereas that for CCl,COOH is 
nearly 2. Thus, CH,COOH is only partially dissociated 
into ions, and is a weak acid, while CC],COOH is a 

strong acid. 
The fourth factor is that: 

The bend holding the cece atom should 
not be too strong. 

A particular example of this is the order of acidity of the 
hydrogen halides, which correlates with the order of 
the bond strengths: 
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Strongest Weakest 
acid acid 
HI HBr = Hel HF 

H—xX bond 
strength/kJ mol! 299 366 431 569 

In a simple-minded way we can imagine that the 
stronger the bond holding the hydrogen to the halide 
atom, the less easy it is for the hydrogen to be lost. 
However, in general, things are rather more compli- 
cated than this. From the point of view of 
thermodynamics we can say that the position of 
equilibrium adopted by the chemicals in a reaction is 
the one that maximises the entropy. The way this is 
done will vary from case to case. For example, if a 
reaction is very exothermic, the entropy of the sur- 
roundings will increase markedly (by a factor —AH/T); 
and vice versa, if the reaction is endothermic, the 
entropy of the surroundings will decrease. On the other 
hand, when the ions and water molecules rearrange 
themselves in a solution, there may be an increase or 
decrease in the spatial disorder of the particles; it can be 
hard to tell without doing a detailed calculation. The 
actual position of equilibrium will be the one in which 
the entropy changes associated with the enthalpy 
change and the spatial arrangement of the particles are 
balanced to give the maximum entropy. For this reason 
it is unwise to pick on any single factor and claim that it 
is the reason why an acid is weak or strong. 

75.5 Why might it be more sensible to write sul- 
phuric acid as SO;(OH), and nitric acid as NO,OH 
rather than their usual formulae? 

75.6 Explain why solutions containing aluminium 
ions, Al°*, are often acidic. (Hint: it is thought that the 
ion Al(OH),°* (aq) is present.) 

75.6 What is the connection 
between pH and pK,? 

If you look at the formula for K, of ethanoic acid, you 
should be able to see that the greater the value of 
[CH,COO(aq)] and [H*(aq)], the larger is the value of 
K,. That is, the more the ethanoic acid molecules dis- 
sociate into ions, the more acidic the solution becomes. 
This being the case, we should be able to find a link 
between K, and pH. This is done in panel 75.1. The 
result is that 

[acid] 
H=pk, —1 
Riel es) 

Where, in the case of ethanoic acid, the acid is 
CH,;COOH(aq) and the base is CH;COO (aq). The inter- 
esting thing about this formula is that the pH of a solu- 
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Panel 75.1 

We shall begin by rearranging the equation for Ka: 

Kk. —1CHsCOO (aq) ITH" (aq)] 
: [CH,COOH(aq)] 

to give 

EC aaa «eed 
*” TCH,COO=(aq)] | 

Now if we take the logarithm of each side, 

Ig[H* (aq) =Igk, +I8( Neer 
[CH,COO (aq)] 

- CH eae —Ip{Hi*(aq)| = lg K, 1g LEECO OU glH" (aq)] = —lg (tae cooTay : 

sO 

pll= pK, ~ 1p ((CHSCOOHIaa 
[CH,;COO™ (aq)] 

If we call CH,COOH(aq) the acid and 
CH,COO (aq) the base, the general equationis 

S —  f(lacid] 
pH=pk, eee) 

tion of a weak acid depends on the ratio of the acid and 
base forms. 

To see how this works, we shall answer the following 
question: What is the pH of a solution that in 1 dm? 
contains (i) 0.1 mol of ethanoic acid and 0.2 mol of 
sodium ethanoate, (ii) 0.2mol of ethanoic acid and 
0.4mol of sodium ethanoate? 
We shall need to use our formula, but we also need to 

understand that sodium ethanoate is a salt of ethanoic 
acid. It is an ionic solid, which produces sodium ions, 
Na*, and ethanoate ions, CH,COO, in water: 

CH;COONa(aq) > CH,;COO™ (aq) + Na* (aq) 

If it is put into a solution already containing ethanoic 
acid, the equilibrium 

CH;COOH(aq) = CH;COO (aq) + H* (aq) 

will shift to the left. (This is an example of the common 
ion effect; see section 64.3.) However, because there are 
so many ethanoate ions from the sodium ethanoate, the 
equilibrium will lie almost entirely to the left. That is, to 
a good approximation all the ethanoic acid is in the 
form of molecules. Likewise, there are so many 
ethanoate ions that even if a few of them combine with 
hydrogen ions to make ethanoic acid molecules, the 
concentration of ethanoate ions does not change 
greatly. For this reason in part (i) of the question we 
have 

[CH,COOH(aq)] = 0.1 mol dm=? 
[CH,COO(aq)] = 0.2 mol dm~? 

and in part (ii) 

[CH,COOH(aq)] = 0.2 mol dm~? 
[CH,COO(aq)] =0.4 mol dm~? 



If we take the two solutions side by side, we have 

(i) pH=4.8—1g(0.1/0.2) (ii) pH=4.8 —1g(0.2/0.4) 
= 4.8 —1g(0.5) = 4.8 —1g(0.5) 
=45 =4,.5 

The pH values of both solutions are the same because 
the ratios of the acid and base forms are the same. 

75.7 A litre ({dm%) of 0.5mol dm-° solution of 
ethanoic acid has 0.2 mol of sodium ethanoate added 
to it. 

What was the pH of the solution (i) before the salt 
was added, (ii) after it was added? 

Explain the pH change by referring to the influence 
that the added ethanoate ions have on the equilibrium 
for the dissociation of the acid. 

75.7 Base dissociation constants 

and pKy 

Sometimes people like to concentrate on the behaviour 
of bases, rather than on acids. For example, ammonia 
can take part in the equilibrium 

NH, (aq) + H,O(1) =NH,* (aq) + OH (aq) 
{ . . 

for which the equilibrium constant, the base dissociation 
constant, is 

_ [NH,* (aq)][OH(aq)] 

[NH,(aq)] 

As in our definition of K,, we assume that the con- 
centration of water remains constant, so that it need not 
appear in the expression. We define pK, in much the 
same way; 

ie 

pie —l¢ kK, 

A dilute solution of ammonia has a pK, of around 4.8. 
Organic chemists are often interested in pK, values 
because of the importance of compounds such as the 
amines. For example, methylamine, CH,NH,, has 
K,=4.4 X 10-*mol dm~?’ and pK, = 2.4. We shall refer 
to these values again in Unit 122. 

In passing, it can be useful to know that there is a 
connection between pK, and pK, values for a conjugate 
acid—base pair. In water at 25°C 

[H* (aq)][OH7 (aq)] = 107'* mo? dm~° 

Taking the logarithm of both sides, 

Ig[H* (aq)] + lg[OH™(aq)] = —14 
—Ig[H* (aq)] —lg[OH (aq)] = 14 

se: 

pk, +pk,= 14 

75.8 Just as we define pH by —Ig[H*(aq)], so we 
can define a measure of the hydroxide ion concentra- 
tion by 

pOH = —Ig[OH “(aq)] 
(i) What is the pOH of water at 25°C? 

(ii) The way that pH and pOH are defined means that 
pH + pOH= 14 at 25°C. Draw up a table like Table 
75.2, but put in two more columns labelled [OH (aq)] 
and pOH. Put the missing values into your table. 

75.8 How to work out the degree of 
dissociation of a weak acid 

The degree of dissociation of a weak acid is the fraction 
of the number of moles of the acid that are converted 
into ions. We know that a weak acid dissolved in water 
largely consists of molecules; relatively few of the mol- 
ecules dissociate into ions. Let us suppose that we put 
1 mol of ethanoic acid into a volume Vdm?’ of solution. 
We shall assume that x mol of the molecules dissociate. 
The equation tells us that for each mole of ethanoic acid 
that dissociates an equal number of moles of ethanoate 
ions and of hydrogen ions are produced: 

CH,COOH(aq) = CH,COO (aq) + H* (aq) 

At start 1 mol 0 mol 0 mol 

At equilibrium 1—x mol x mol x mol 

Concentration 1—x xe Be 

/mol dm? V V V 

Putting these concentrations into the formula for K, we 
have 

(x/V)(x/V) 

(Uy 
a 

Ke. 

K,= - Ostwald’s dilution law 

The units of K, are mol dm~’. This formula was first 
derived by the German chemist Wilhelm Ostwald in 
1888. It is known as Ostwald’s dilution law. The law fits 
any weak acid, HA, like ethanoic acid, that dissociates 
_according to the pattern 

HA(aq) =A’ (aq) + H* (aq) 

We know that for a weak acid the fraction x is small. 
In most cases it is less than 0.1 (or 10%); often it is 
much smaller. This allows us to make an approxima- 
tion. We put 1 —x=1; in which case, 
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Or 

KV 

This is the approximate version of Ostwald’s dilution 
law. 

Now let us take a particular example, and estimate 
the degree of dissociation of a solution of ethanoic acid. 
In our working we said that V was the volume of solu- 
tion that contained 1 mol of the acid. For a 0.1 mol dm? 
solution, there will be 1 mol of acid in 10dm’, i.e. 
V=10dm’. Therefore, 

= V1.7 X 107*> X 10=0.013 mol 

This tells us that the acid is approximately 1.3% dissoci- 
ated into ions. (See question 75.12, and its answer, if 
you are worried about the units in this calculation.) 

75.9 The pH of a solution of methanoic acid and 
sodium methanoate was 4.6. What was the ratio of 
[HCOOH(aq)] and [HCOO “(aq)] in the solution? 

75.10 Use the approximate Ostwald’s dilution law to 
estimate the pH of a 0.1mol dm ® solution of 
chloroethanoic acid. 

75.11. Only do this question if you can solve a 
quadratic equation. Repeat question 75.10 but this 
time use the accurate dilution law to calculate the 
degree of dissociation, x. Then calculate the pH using 
pH = —lg(x/V). Compare your result with that from 
question 75.10. 

75.12 Explain why the units of x remain as moles 
even if it looks from the eqyation x= VK,V that they 
are Vmol dm-? dm‘, i.e. Vmol or mol'2.. 

75.9 How to work out the pH ofa 
weak acid 

If you look at the working in the last section, you will 
see that the concentration of hydrogen ions is x/Vmol 
dm’. This gives us our method of calculating the pH. In 
fact, to a good approximation, for a weak acid HA 

re 
However, from the approximate version of Ostwald’s 
dilution law we have 

K,V 

This means that 

bs: V KV 
Be are tay 
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Or 

= —Ig(VK,/V) 

For example, what is the pH of a 0.2 mol dm ~ solu- 
tion of methanoic acid? From Table 75.3 we find that 

for this acid K,=1.6 X 10°*mol dm’. V is the volume 
of solution that contains 1 mol of the acid. For a 0.2 mol 

dm~’? solution, there are 0.2 mol in 1 dm?, so there will 
be 1 mol in 5dm?. Therefore we have V=5 dm? and 

pH = —lg(V1.6 X 10-4/5)=2.25 
‘ 

75.10 Buffer solutions 

A buffer solution keeps its pH approximately constant 
when small amounts of an acid or alkali are added 
(Table 75.5). There are two types of buffer: 

Acidic buffers keep the pH below 7. 

Alkaline buffers keep the pH above 7. | 

Table 75.5. Buffer solutions 

Type Use Made from 

Acidic buffer Weak acid plus salt 
of weak acid 

Weak alkali plus 
salt of weak alkali 

Fixes an acidic pH, 
Os [Olol SH 

Fixes an alkaline 

pH) i.e. pH 7, 
Alkaline buffer 

(a) Acidic buffer solutions 

Earlier we found that a mixture of ethanoic acid and 
sodium ethanoate has a pH below 7. In fact we found 
that a mixture for which [CH,COOH(aq)]=0.1 mol 
dm~* and [CH,COO (aq)] =0.2 mol dm~? had a pH of 
4.5. There are two processes at work that are respon- 
sible for setting this pH: 

Partial dissociation into ions 

CH;COOH(aq) = CH;COO (aq) + H* (aq) (A) 
In the majority 

Complete dissociation into ions 

CH,COONa(aq) — CH,COO (aq) + Na* (aq) (B) 
In the majority 

We said that, in accord with Le Chatelier’s principle, 
equilibrium (A) is forced over far to the left by the 
ethanoate ions from the sodium ethanoate. Let us see 
what happens if we add alkali or acid to the mixture. 

Adding alkali 

Hydroxide ions from the alkali will react with the 
hydrogen ions in the solution: 

OH (aq) + H* (aq) > H,O(1) 



Removal of hydrogen ions will shift equilibrium (A) to 
the right. The shift provides hydrogen ions, which are 
available to react with further hydroxide ions. We say 
that the hydroxide ions are ‘mopped up’ by the hydro- 
gen ions. In this way the added alkali does not markedly 
change the pH. 

On the other hand, if we add a large amount of alkali, 
virtually all the ethanoic acid molecules will dissociate 
into ions. None are left to provide hydrogen ions, so the 
buffer will no longer work. 

Adding acid 

This time, the buffer has to mop up extra hydrogen ions 
from the acid. It is the large number of ethanoate ions 
(from the sodium ethanoate) that do this. Equilibrium 
(A) shifts to the left, removing the majority of the added 
hydrogen ions and thereby keeping the pH approx- 
imately constant. 

It is not only a mixture of ethanoic acid and sodium 
ethanoate that acts as an acidic buffer. It is a common 
feature of almost any mixture of a weak acid and a salt 

of the weak acid. 

(b) Alkaline buffer solutions 

An alkaline buffer can be made by mixing a weak alkali 
and a salt of the weak alkali. A typical example is a 
mixture of aqueous ammonia (otherwise known as 
ammonium hydroxide) and ammonium chloride, 
NH, Cl. In aqueous ammonia nearly all the ammonia 

molecules remain unreacted; they exist in solution 
solvated by water molecules. Only a minority react giv- 
ing hydroxide ions: 

NH, (aq) + H,O(1) =NH,* (aq) + OH (aq) (C) 

In the majority 

NH,Cl(aq) > NH,* (aq) + Cl- (aq) (D) 
In the majority 

Adding acid 

We can imagine the hydrogen ions to be mopped up in 
two different ways. We could say that they react with 
the hydroxide ions from equilibrium (C). This would 
displace the equilibrium to the right, replenishing the 
supply of hydroxide ions. Alternatively, and more 
importantly, free ammonia molecules can react with 
the hydrogen ions to make ammonium ions: 

NH, (aq) + H* (aq) > NH," (aq) 

In both cases the pH would remain approximately con- 
stant, until all the ammonia molecules have reacted. 

Adding alkali 

The added hydroxide ions are mopped up by the 
ammonium ions: 

NH,* (aq) + OH (aq) > NH;(aq) + H,O(1) 

Again, this will keep the pH almost constant, until the 
supply of ammonium ions is exhausted. 

75.13 What will be the pH of a buffer solution made 
from a mixture of 0.1mol dm~° ethanoic acid and 

0.3 mol dm-? sodium ethanoate? 

75.14 What will be the pH of a buffer solution made 
from a mixture of 0.1 mol dm~* aqueous ammonia 
and 0.1mol dm~° ammonium chloride? To find the 
answer, go through the following stages: 

(i) In the formula 

H=pK,—Ig( [acid 
at ie 

what is the acid in the mixture, and what is the base? 

(ii) What is the value of the logarithm term? 

(iii) Given that the pK, for ammonia is 4.75, what is 
the pK,? 

(iv) What is the pH of the mixture? 

75.15 Repeat the previous question but with a mix- 
ture of 0.2mol dm~* aqueous ammonia and 0.1 mol 
dm-* ammonium chloride 

75.16 You have been asked to make a buffer solu- 

tion with a pH of approximately 5. 

(i) Which chemicals would you use? 

(ii) What should be their concentrations? 

75.17 A student calculated that she could make up 
a buffer solution with an alkaline pH by mixing 
ammonium ions and ammonia molecules in the ratio 
1 to 3. She decided to mix 50cm® of solutions of 
0.001 mol dm-? of ammonium chloride and 0.003 mol 
dm-* aqueous ammonia. A friend told her this was 
not a very good idea. Why was the friend correct? 

75.18 Here is an extract from a book on A Level 

biology. It concerns the influence of the kidney on the 

pH of blood: 

Hydrogencarbonate and phosphate buffers in the 
blood prevent excess hydrogen ions (H*), produced 
by metabolic activity, from decreasing the pH of the 
blood. Carbon dioxide released into the blood during 
respiration is regulated by this system and prevented 
from causing changes in plasma pH prior to its excre- 
tion from the lungs. Excessive changes in blood 
chemistry which would change the plasma pH from 
its normal level of 7.4, however, are counteracted by 
the distal convoluted tubule. This excretes hydrogen 
ions and retains hydrogencarbonate ions if the pH 
falls, and excretes bicarbonate ions and retains 
hydrogen ions if the pH rises. This may produce 
changes in the pH of the urine from 4.5 to 8.5. A fall in 
pH also stimulates the kidney cells to produce the 
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base ion ammonia (NH,*) which combines with acids 
brought to the kidney and is then excreted as 
ammonium salts. 

(i) What is the normal pH of blood? 

(ii) Explain how hydrogencarbonate and phosphate 
ions, PO,°-, act as buffers and help to prevent the pH 
of blood decreasing. 

Answers 

75.1 It is possible that he was correct because we 
might expect a weak acid to give a pH in this region. 
However, it is possible that the bottle contained a very 
dilute solution of a strong acid, like sulphuric acid. The 
pH alone does not tell us whether a solution contains a 
strong or weak acid; pH depends on concentration. 

75.2 (i) S*-(aq) + H30* (aq) = HS (aq) + H,O(!) 
base X acid ¥ acid X base Y 

(ii) N2H,(aq) + H,O(!) = N3H,* (aq) + OH (aq) 
base X acid Y acid X base Y 

(iii) NH,~(aq) + HO(!) =NH,(aq) + OH~(aq) 
base X acid Y acid X base Y 

(iv) CHsCOOH(aq) + H,O(I) = 
acid X base Y CH;COO (aq) + H;0* (aq) 

base X acid Y 

75.3 (i) We have [H*(aq)]=0.01 mol dm-°, so 

0.01 mol dm~* x [OH (aq)] = 10-'* mol? dm~® 
[OH (aq)] = 107"? mol dm 

(ii) Using the same method, [H*(aq)]=0.25 mol dm? 
and [OH (aq)] =4 x 10° '*mol dm~°. 

75.4 (i) As K,, is larger at the higher temperature, Le 
Chatelier’s principle tells us that the forward reaction 
must be endothermic. 

(ii) We have — [H*(aq)][OH (aq)] = 2.92 x 10-'* mol? 
dm~®, and, as at 25°C, [H*(aq)] =[OH (aq)]. Therefore, 
[H*(aq)]? = 2.92 x 10° mol? dm-®. This gives 
[H*(aq)] = 1.71 x 10-’ mol dm°. 

(iii) pH = —Ig(1.71 x 10°”) =6.77. 

(iv) 6.77 is the neutral pH. Note that this proves that 
water is not always neutral at pH=7. 

75.5 The hydrogen atoms are bonded to oxygen 
atoms, which is not shown by the formulae H,SO, and 
HNO,. We use these formulae largely for reasons of 
history, and because they show clearly the number of 
replaceable hydrogen atoms. 

75.6 The reason is very much the same as for 
Fe(H,O),°*. The aluminium ion is highly charged, which 
leads to the polarisation of the water molecules and the 
loss of a proton. 

75.7 (i) We have pH=—lg(VK,/V). Here, with a 
0.5mol dm-* solution we need 2dm*% for 1 mol to be 
present, so V=2dm%. Also, K,=1.7*10-°mol dm~°. 
This gives pH= 2.54. 

(ii) After the sodium ethanoate is added we must use 
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(iii) What is the difference between bicarbonate and 
hydrogencarbonate ions? 

(iv) What do you think of the description of the ion 
NH,* as ‘the base ion ammonia’? 

(v) In what sense do ammonium ions ‘combine with 
acids’? 

ae [acid] H= a pH= pk, —Ig (es) 

with [acid]=0.5mol dm~* and [base]=0.2mol dm-°. 
Putting in the values we find 

pH = 4.8 — |g(0.5/0.2) = 4.4 

The pH has increased, which tells us that there are 
fewer hydrogen ions in the solution than before. In 
accord with Le Chatelier’s principle, the addition of 

ethanoate ions causes the dissociation equilibrium to 
shift to the left. This is the direction that removes hydro- 
gen ions, as they join with ethanoate ions to make 
ethanoic acid molecules. 

75.8 (i) pOH=7 because [OH~(aq)] = 10-7 mol dm-°. 
(ii) The values you should find are: 

[H*(aq)] 1 10-1. 10-2... 10-12 10-3 get 
/mol dm-3 \ 

[OHF (aay 10F* 10 taaOs 2: ox. 
/mol dm-$3 

pOH 44 1ods-e ot2 

75.9 We have 

pH = pk, — a( 

i.e. 

4.6=3.8- o( 

[HCOOH(aq)] ) 

[HCOO “(aq)] 

[HCOOH(aq)] ) 

[HCOO ‘(aq)] 
Ig (essen prensiy 

[HCOO ‘(aq)] 
) [HCOOH(29)) _ antilog(—0.8) = 0.15 

[HCOO (aq)] 
This shows that there must be between six and seven 

times more methanoate ions than methanoic acid. 

75.10 Here, K, = 1.3 x 10°*mol dm and the 
volume that contains 1mol is 10dm°%. Hence, pH= 

—Ig(1.3 x 10°9/10)=1.94. Clearly this solution is 
markedly acidic. 

75.11 Now, 

1.3x1073= 

so 

x? + 0.013x — 0.013=0 

ye ots V(0.013)? +4 x 1 x 0.013 
2 2 

x? 

(1—x)10 



Answers — contd. 

which means 

x=0.108 or x=-0.121 

The negative value has no meaning so we can put 

pH = —Ig(0.108/10) = 1.97 

The approximate formula overestimates the degree of 
dissociation of the acid. 

75.12 The approximation was that we replace 1 — x by 
1, so putting in the units, 

(x mol)? 

(1 mol) Vdm* 
Rearranging we have 

(x mol)? = K,mol dm~? (1 mol) Vdm? 

i.e. 

x mol= VK,Vmol?= VK,V mol 

and the units agree. 

75.13 The ratio of [acid] to [base] is 1/3, so 

pH = 4.8 — Ig(0.33) = 5.3. 

75.14 (i) NH,* is the acid (proton donor); NH, is the 
base (proton acceptor). 

(ii) Zero; the ratio is 1 and Ig(1)=0. 

(iii) We have pK,+ pK, = 14, so pK, =9.25. 

(iv) It is also 9.25. 

75.15 Now, pH=9.25 —1Ig(1/2) =9.55. 

75.16 (i) A weak acid and its salt, e.g. ethanoic acid 
and sodium ethanoate. 

(ii) We have 

5=4.8—la( 

SO 

[CH.COOH(ag)] _ antilog(—0.2) = 0.63 
[CH,COO “(aq)] 

This is a ratio of nearly 2 to 3. Provided the concentra- 
tions are in this ratio, it does not matter about their pre- 

K,mol dm-?= 

Nee coerer 
[CH3;COO "(aq)| 

cise values. (This assumes we do not choose ‘silly’ 
concentrations that are so high that the substances 
would not dissolve properly, or so low that they would 
only mop up extremely small amounts of acid or alkali.) 
We might choose [CH,COOH(aq)] = 0.2 mol dm~° and 
[CH;COO “(aq)] = 0.3 mol dm-°. 

75.17 Although it is the ratio of the two forms that fixes 
the pH, we also need sufficient free ammonia molecules 

and ammonium ions to react with the acid or alkali 
added. If solutions of such small concentrations were 

used, the buffer would not work very well. For example, 
even a small amount of a dilute laboratory acid could 
convert all the ammonia molecules into ammonium ions. 

Any more acid added would lower the pH. A more sen- 
sible mixture would use concentrations of 0.1 mol dm~? 

and 0.3 mol dm-°. 

75.18 (i) 7.4. 

(ii) They mop up hydrogen ions by way of equilibria 
such as 

HCO, (aq) + H* (aq) = H,CO,(aq) 

and 

PO," (aq) + H*(aq) = HPO,? (aq) 

(iii) None. Bicarbonate is the old name for hydrogen- 
carbonate. 

(iv) It is an ammonium ion, not ammonia. It cannot act 
as a base, i.e. it cannot accept protons, nor can it donate 
a lone pair because the lone pair on the nitrogen already 
carries an extra proton. There has been a mistake in 
naming the ion. However, it is made from a base — 

ammonia. 

(vi) The ion cannot combine with a hydrogen ion. It will 
make salts with negative ions such as Cl", SO,?-, NO, . 
However, these salts are soluble (even in urine) so the 
ammonium ion should not be said to combine with these 
negative ions in urine. Rather we should say that the 
ammonium ion is excreted along with the negative ions 
from the acids. 

UNIT 75 SUMMARY 

Strong acids and bases are completely dissociated 
into ions. 

Weak acids and bases are partially dissociated into 
ions. 

Characteristics of strong acids: 
(i) The ion it makes must be energetically stable. 

Once the ion is made, it should not easily 
change back into the molecule from which it 
came. 

(ii) The nature of the parent molecule, or ion, 
should encourage the loss of a proton. 

(iii) The bond holding the hydrogen atom should 
not be too strong. 

Conjugate acids and bases: 
A chemical that behaves as an acid (base) on one 

side of an equation and turns into a base (acid) on 
the other side of the equation is a conjugate 

acid—base pair. For example, 

HCl(aq) + H,O(1) = Cl (aq) +H,;O* (aq) 

acid X base Y base X acid Y 

A weak acid has a strong conjugate base. 
A strong acid has a weak conjugate base. 

Water autoionises 2H,O(1) = H,O* (aq) + OH (aq). 

The ionic product of water is 

K,, = [H,0*(aq)] [OH (aq)] 

or 

K,, = [H* (aq) ][OH (aq)] 
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At 25.6, Ka = 105 moldimns?, 
At 25°C the pH of pure water is 7. 
Alkalis have pH>7, acids have pH<7. 
The acid dissociation constant for HA(aq) = H* (aq) 

+ A~(aq) is 

x. —1H(aq) A (aq)I 
; [HA(aq)] 

Acids are given pK, values: pK, = —lg K,. The smaller 
the value of pK,, the stronger the acid. 

Connection between pH and pK;,: 
For ‘acid’ = “base’ + H* 

ae 3 a“ 
pH=pkK, (Fo 

e.g. CH, COOH(aq) =CH,COO-(aq) + H* (aq) 

sree: so coo aa) 
Pe ee 8( [CH,COO-(aq)] 

Base dissociation constants and pk,: pk, = —lg Ky. A 
strong base has a small pK,. 

Ostwald’s dilution law: 
For a weak acid HA(aq) =H*(aq) + A (aq), the 
law is 

where x is the degree of dissociation. To a good 
approximation, x= VK,V. 
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@ The pH of a weak acid is pH= —lg(V K,/V). 
e Buffer solutions: 

(i) A buffer solution keeps its pH approximately 
constant when small amounts of an acid or 
alkali are added. 7 

(ii) Acid buffers keep the pH below 7. Acid 
buffers consist of a weak acid and a salt of the 
acid, e.g. CH, COOH, CH,;COO Na’*. 

(iii) Alkaline buffers keep the pH above 7. 
Alkaline buffers consist of a weak alkali and a 
salt of the weak alkali, e.g. NH;(aq), 
NH,*Cl-. 

pH of a buffer can be calculated using 

a y oat 
pH=pk, le Fey 

Differences between strong and weak acids (or 
alkalis): 

(i) Strong acids (or alkalis) are completely 
dissociated into ions. 

(ii) Weak acids (or 
dissociated into ions. 

Differences between dilute and concentrated acids 
(or alkalis): 
(i) Concentrated acids (or alkalis) have many 

moles in a litre of solution. 
(ii) Dilute acids (or alkalis) have few moles in a 

litre of solution. 

alkalis) are partially 



Neutralisation and titrations 

76.1 Salt hydrolysis 

We can think of salts being made in the four ways 
shown in Table 76.1. If you make a solution of each of 
the four salts mentioned in the table and measure the 
pH, you should find the pattern in Table 76.2. The 
change in pH is due to hydrolysis. Hydrolysis means that 
there has been a reaction with water. 

Table 76.1. Four ways of making salts* 

Combination Salt 

Strong acid+strong base 
e.g. HCl(aq) +NaOH(aq) — NaCl(aq) +H,0O(I) 

sodium chloride 

Strong acid+weak base 
e.g. HCl(aq) +NH3(aq) — 
or HCl(aq)+NH,OH(aq) = 

NH,Cl(aq) 
NH,Cl(aq) 

ammonium chloride 

+H,O(I) 

Weak acid+strong base 
e.g. CH; COOH(aq) +NaOH(aq) — CH,;COONa(aq)+H,0(1) 

sodium ethanoate 

Weak acid+weak base 
e.g. CH,COOH(aq)+NH;(aq) © — CH,COONH,(aq) 
or CH,COOH(aq)+NH,OH(aq) > CH;COONH, +H,0(1) 

ammonium ethanoate 

*All the salts are completely dissociated into ions in solution, 
e.g. CH, COONH,(aq) — CH3;COO™ (aq) +NH," (aq) 

Table 76.2. The results of salt hydrolysis 
ee 

Salt made from Example Nature of solution 

Strong acid+strong base NaCl Neutral 

Strong acid+weak base NH, Cl Acidic 

Weak acid+strong base CH;COONa Alkaline 

Weak acid+weak base CH,;COONH, Almost neutral 
i — 

76.2 Salts of a strong acid anda 
strong base 

For a salt like sodium chloride we know (see Unit 60) 
that the water molecules help to break up the crystal 
lattice, and that the molecules surround the ions, pro- 
ducing a hydration sphere around them. It is arguable 
whether this counts as a hydrolysis reaction because the 
water molecules are not broken up by their interactions 
with the ions. For this reason the number of hydrogen 
and hydroxide ions does not change, and the pH 

remains constant. 

76.3 Salts of a strong acid and a 
weak base 

When ammonium chloride dissolves in water, an 
equilibrium is set up in which the ammonium ions 

undergo hydrolysis: 

NH,* (aq) + H,0 (1) =NH,(aq) + H;0* (aq) 
acid base 

Essentially what is happening here is that the 
ammonium ion is showing its ability to act as a 
Bronsted acid. It is donating a proton to a water mol- 
ecule, which in turn is acting as a base. You can see 
from Table 75.4 that this corresponds with the order of 

their pK, values. 
This behaviour is typical of the salt of a strong acid 

and a weak base. The cation (positive ion) in the salt is a 
stronger acid than water, so in solution the water acts as 
a base and oxonium ions are made. It is the presence of 
the extra oxonium ions that makes the solution acidic. 

76.4 Salts of a weak acid and a 

‘strong base 

Our example is sodium ethanoate. If we place this salt 
in water, it produces free ions in solution: 

CH,COONa(aq) — Na‘ (aq) + CH,COO (aq) 
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which is followed by hydrolysis of the ethanoate ions: 

CH,COO~ (aq) + H,O(1) = CH,COOH(aq) + OH™ (aq) 
base acid 

The water molecules act as Bronsted acids and the 
ethanoate ions are Bronsted bases. (Alternatively, we 
could say that ethanoate ions are stronger bases than 
water molecules.) The presence of the hydroxide ions 
made in the equilibrium is responsible for the solution 
having an alkaline pH (greater than 7). 

76.5 Salts of a weak acid and a 

weak base 

Here our example is ammonium ethanoate. The salt 
produces free ions: 

CH,COONH, (aq) > CH,;COO~ (aq) + NH,*(aq) 

Now we have a real competition set up. There are two 
hydrolysis reactions 

CH,COO (aq) + H,O(1) = CH;COOH(aq) + OH (aq) 

NH," (aq) + H,O0(1) =NH;(aq) + H,O* (aq) 

If the first reaction wins over the second, the solution 
will be alkaline; if the second wins over the first, the 
solution will be acidic. In this particular case the base 
strength of ethanoate ions compared to water and the 
acid strength of ammonium ions compared to water 
move both equilibria slightly to the right-hand side. 
There is a similar tendency to produce hydroxide and 
oxonium ions. Therefore the solution is approximately 
neutral, with a pH of nearly 7. This is typical of salts of 
weak acids and weak bases. 

76.6 Endpoints in titrations depend 
on the strength of the acid and base 

At the end of a titration of a base with an acid, the 
solution will contain one of the types of salt that we 
have just talked about. If, for example, we titrated a 
solution of sodium hydroxide with ethanoic acid, the 
final solution will contain sodium ethanoate. You 
should now realise that if you were to measure the pH 
of the solution when the acid and alkali had just 
neutralised each other, it would not be pH=7 (Table 
76.3). Rather, the pH would be a little on the alkaline 
side because of the hydrolysis reaction 

CH,COO~ (aq) + H,O(1) = CH,;COOH(aq) + OH (aq) 

Table 76.3. The pH at the endpoint of a titration 

Acid Base PH at endpoint 

Strong Strong Of 

Strong Weak <7 
Weak Strong >7 
Weak Weak =7 
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pH 

Strong alkali 

<—__—__—_ 

Volume of Volume of 
acid added alkali 

added 

Figure 76.1 idealised pH profiles for titrations between strong 
and weak acids and alkalis 

In fact the only time we should expect the pH to be 7 at 
neutralisation is when we titrate a strong base with a 
strong acid, for example, sodium hydroxide with 
hydrochloric acid. 

Figure 76.1 summarises how the pH changes for the 
combinations of acids and bases in Table 76.3. 

76.7 Indicators 

An indicator is a weak acid that happens to change its 
colour depending on the pH of the solution in which it 
exists. A very common indicator is phenolphthalein. It 
is pink in alkali and colourless in acid. 

For the present we shall represent any indicator as 
HA, which takes part in the equilibrium 

HA(aq) =A (aq) + H*(aq) 

one another 

colour colour 

In the case of phenolphthalein, 

HA(aq) =A (aq) + H* (aq) 
colourless pink 

so that in acid, when the equilibrium lies to the left, the 
indicator is clear; but in alkali, when the equilibrium 
lies to the right, it is pink. 

The pH of a solution of an indicator is given by apply- 
ing the formula that we used in the previous unit: 

ft 

[base] 
pH= pK, Is( 

or 



2 [HA(aq)] Be pk ig(- 
oc. ee 

Here we have used pK,, instead of pK, to show that we 
are talking about indicators. 

From Table 76.4, for phenolphthalein we have 
pK,,=9.2. If we put 25cm’ of 1mol dm~ sodium 
hydroxide in a flask, it will have a pH of 14. If we adda 
few drops of phenolphthalein indicator, we can cal- 
culate the ratio of the acid and base forms of the 
indicator: 

14=9.2-Ig(ACA) 
[A’ (aq)] 

[HA(aq)] 
[A’ (aq)] 

Table 76.5 illustrates the changes in [HA(aq)] and 
[A-(aq)] for a range of pH. The pink anion, A™, far 
outweighs the colourless acid, HA, until the pH reaches 

=1.6x10~ 

Table 76.4. pK,,, values and colour changes for 
some indicators 

Indicator pK, pH range Colour range 

Congo red 4.0 3.0to5.0 Blue tored 
Methyl red 5.1 4.2t06.3  Redto yellow 
Litmus* - 5.0to 8.0 Red to blue 
Cresol red 8.2 7.2t08.8 Yellow to red 
Phenolphthalein 92. 8.3 to 10 Colourless to pink 

*The pK,, of litmus is uncertain 

Table 76.5. How the colour of phenolphthalein 
changes with pH 

pH [HA(aq)] Colour 

[A’ (aq)] 

13% 1k6>< 10m Pink 
12 176 Oime: Pink 
11 1.6107? Pink 
10 eos Ome Pink 
9.2 1.0 Pale pink (endpoint) 
9 1,6 Colourless 

8 1.6X10! Colourless 
of 1.6X 10? Colourless 
6 1.6X10? Colourless 
5 1.6104 Colourless 
4 1.6X10° Colourless 
3 1.6X10° Colourless 
2 1.6107 Colourless 
1 1.6108 Colourless 

*At very high pH, phenolphthalein loses its colour 

9.2, i.e. Ig{[HA(aq)]/[A7(aq)]}=0. At this point 
[HA(aq)] =[A~(aq)] and the colour will be mid-way 
between a clear pink and colourless. This means that if 
we were to add 1 mol dm~’ hydrochloric acid to the 
alkali, the indicator will remain pink until the pH of the 
solution decreases to a little below 9.2. If we did this as a 
titration experiment, we would see the colour change 
as the endpoint. Notice that the endpoint is not at 
pH = 7, which is what it should be for the titration of a 
strong base with a strong acid. Not all of the hydroxide 
ions would have been neutralised when we stopped 
adding the acid. 
Now imagine performing the same experiment but 

this time using methyl red as the indicator. This indi- 
cator has a pK,,, of 5.1. Above this pH it is yellow, below 
it is red. If we added this indicator to the alkali in the 
flask, it would be yellow. It would stay yellow until the 
pH dropped to around 5.1. Here the two coloured forms 
would have equal concentrations and the solution 
would appear orange. With the addition of a little more 
acid, the pH would drop to below 5.1 and the solution 
would be red. We would take the orange colour as the 
endpoint. However, the solution would not be at pH=7 
at the endpoint. This time we would have added too 
many hydrogen ions. 

The point of this is that: 

The endpoint we see in a titration depends on 
the indicator. 

If we are to be accurate in determining the endpoint of a 
titration, we should choose an indicator that has a pK,, 
equal, or near, to the pH at the endpoint. 

76.1. Hydrogen sulphide can be regarded as a weak 
acid in water. What would you expect the pH of a 
solution of sodium sulphide, Na.S, to be? 

76.2 Carbonic acid, H,CO,, is a weak acid. In water 
it takes part in the equilibrium: 

H,CO,(aq) + H,O(I) = HCO, (aq) + H,0* (aq) 

Would you expect the pH for a solution of sodium 
carbonate (Na,CO,) to be >7, 7 or <7? 

76.3. Which indicator would you choose if you were 
to perform a titration that gives a pH=5.0 at the 
endpoint? 

76.4 What would be the colour of cresol red in a 
solution of (i) 0.1mol dm~* sodium hydroxide; 
(ii) 0.1 mol dm~* hydrochloric acid? 
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Answers 

76.1 It should be alkaline, pH>7. 76.3 From Table 76.3, methyl red has a pK;,, = 5.1 and 

76.2 Sodium carbonate is the salt of a strong base BiCOlWdn Change UisteD Tee 
(sodium hydroxide) and a weak acid. Therefore we 76.4 (i) Red; (ii) yellow. 
would expect its solution to have a pH>7. A solution of 
the carbonate is noticeably alkaline. 

UNIT 76 SUMMARY 

@ Salt hydrolysis occurs when a salt reacts with water; depending on the pH of the solution in which 
e.g. the salt of a strong acid and weak base gives they exist. 
an acidic solution (see Table 76.2). ® pH of an indicator is related to its acid dissociation 

@ Endpoints in titrations depend on the strength of the constant: 
acid and base because the salt made in the 
titration may take part in hydrolysis. H=vKk. —Jo( HAI 

@ Indicators are weak acids that change their colours P Phin "8 [A- (aq) ] 
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Rates of reactions 

77.1 Why do we study the rates of 
reactions? 

In thermodynamics we have discovered a method of 
finding out if a reaction should, or should not, take 
place. The trick is to work out the free energy change in 
the reaction. If the change is negative, then the reaction 
can occur; it is a spontaneous reaction. If the change is 
positive, the reaction cannot take place. However, 
thermodynamics does not tell us how fast a spontaneous 
reaction will be. For example, at room temperature the 
free energy change for diamond reacting with oxygen 
to make carbon dioxide is negative. Thermodynamics 
says that this reaction can take place, yet we do not see 
diamond rings burning away on people’s fingers. On 
the other hand, the reaction between white phosphorus 
and oxygen is also spontaneous, and takes place very 
easily. In fact, white phosphorus has to be kept under 
water to keep oxygen away from it. If it is put in air, it 
ignites. Here we have an example of a spontaneous 
reaction that does take place rapidly. 
Thermodynamics cannot tell us which spontaneous 

reactions will take place slowly, and which quickly. To 
find the explanation is one reason why chemists study 
the rates of reactions. 

The study of reaction rates is also known as reaction 
kinetics (or chemical kinetics). Someone who does 
research in reaction kinetics will make many measure- 
ments of the speed of reactions. Once the measure- 
ments are made, the next stage will be to try to explain 
the observations./The explanation is called the mechan- 
ism of the reaction. Among other things, the mechanism 
helps us imagine how new bonds are made and old 
ones broken. This type of insight into chemical reac- 
tions is interesting in its own right, but it is also poten- 
tially very powerful. For example, it can help us to 
design new drugs and ways of making other important 
chemicals more efficiently. 

From now on we shall normally assume that the 
reactions we meet are all spontaneous. That is, we shall 
assume that thermodynamics says that the reactions 
can take place. Our task will be to explain why the 
reactions are fast, or why they are slow. There is an 
enormous difference between the rates of reactions. 

Explosions and flames are examples of reactions that 
take place very quickly. The reactions that take place 
when you cook bread or meat in an oven are relatively 
slow. 

77.2 What makes reactions take 

place? 

There is one observation that is so obvious that it might 
seem unnecessary to mention it: two chemicals will 
only react if they come into contact. Put in a slightly 
different way we can say that: 

The reactants must collide together. 

We can also be sure that: 

The more particles there are in a given 
volume, the more likely they are to collide 
and react together. 

This gives us a clue as to why the rates of reactions often 
change when the concentrations of the reactants 

change. 
Unfortunately it is not easy to say just what counts as 

a collision. When two atoms come close together, the 
electric fields of the electron clouds interact with one 
another. It is the disturbance caused by the electron 
clouds that starts the reaction between them. The prob- 
lem is to discover how close the atoms have to be for the 
disturbance to be significant. One rule of thumb is to say 
that the atoms have to be no further apart than the sum 
of their van der Waals radii (Figure 77.1). 

Not only must there be a collision: 

The reactants must have the right energy. 

This is especially true for reactions between covalent 
substances. If a new substance is to be made, new bonds 
must be formed. Also, one or more of the original bonds 
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We can think of a collision taking place when the 
van der Waals radii of two atoms or molecules touch 

$$ doa —___ 

A head-on collision 

/ 

{ 
A glancing collision 

Figure 77.1 For two particles to react they must collide, but 
whether a reaction does occur may depend on the directions 
in which they are moving 

Energy 

Activation energy 

Reactants 

Products 

Course of 
reaction 

Figure 77.2 The activation energy is the minimum energy that 
the reactants must have before they can change to products 

has to break. Breaking bonds needs energy. If the mol- 
ecules collide only weakly, they may not have enough 
energy to break the necessary bonds. (Alternatively, 
bonds that we do not want to break may be disrupted 
instead!) 
We can use a diagram, Figure 77.2, to show the 
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minimum energy that chemicals must have if they are 
to react. The minimum energy needed to make a reac- 
tion take place is called the activation energy. Reactions 
that take place easily at room temperature have fairly 
low activation energies; reactions that require higher 
temperatures have higher activation energies. 

77.1. lons of opposite charge always have a 
tendency to combine together. 

(i) Why are reactions between ions in solutions usu- 
ally very much faster than reactions between covalent 
substances. 

(ii) How do the activation energies of ionic reactions 
compare with those of reactions between covalent 
substances? 

(iii) Estimate the order of magnitude of activation 
energies of covalent reactions. 

(iv) Why is it possible to carry out many inorganic 
reactions in test tubes or flasks at room temperature, 
while organic reactions usually have to be heated for 
long periods of time? 

77.2 You might think that the more energy the reac- 
tants have, the better it is. For the most part you 
would be right; but sometimes too much energy can 
be a disadvantage. To see why this is, let us imagine 
a hydrogen atom and a chlorine atom coming 
together with a total energy of 10 x 10-'? J. We know 
that hydrogen and chlorine atoms can stick together 
to make hydrogen chloride: 

H(g) + Cl(g)—> HCl(g) 
The strength of the bond in hydrogen chloride is 
about 7 x 107'9J. 

(i) Why is it that, in this case, the molecule is likely to 
fall apart almost as soon as it is made? 

(ii) Now suppose that the reaction is done in a flask 
that contains nitrogen molecules. There is now a 
better chance that the two atoms will give a molecule 
of hydrogen chloride that does not break up. Why is 
this? 

77.3 What can prevent reactions 
taking place? 

You should be able to give two answers to this question. 
A reaction will not take place (i) if the particles do not 
collide, or (ii) if their energy is less than the activation 
energy. We have said that it is not always obvious what 
counts as a collision, but there is evidence that the way 
that some molecules approach each other is extremely 
important. If they approach in one way, they react; if 
they approach in a different way, they do not react. 
Such a thing happens in the reaction between hydrox- 



(a) Unsuccessful collisions 
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(c) Successful reaction 
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OH + CH3,] -——» CH,OH + I7 

Figure 77.3 Different views of the reaction between iodo- 
methane and hydroxide ions. (a) Three of the many types of 
collision that are unsuccessful. (b) This collision may be suc- 
cessful—the direction of approach is correct, but the energy 
has to be right as well. (c) Two views of a successful reaction. 
Notice that the chemical equation tells us nothing about the 
way the reaction takes place 

ide ions and iodomethane (Figure 77.3). We will dis- 
cover later that the two types of particle normally have 
to collide in the very particular way shown in Figure 
Ti: 2. 

If the hydroxide ion meets the iodomethane at a dif- 
ferent angle, for example if it bumps into one of the 
hydrogen atoms, the reaction fails. When reactions are 
influenced by the shapes of the molecules, we say that 
there is a steric factor in the reaction. In some cases the 
atoms, or groups of atoms, in a molecule can hinder the 
course of a reaction. If a group is particularly large, then 
it can get in the way of an attacking molecule or ion. If 
this happens, we say that the reaction suffers from steric 
hindrance. 

The progress of a reaction that takes place in a solu- 
tion can also be influenced by the solvent. For example, 
if two molecules or ions in water are to react, they have 
to find a way through the surrounding layers of water 
molecules. The speed with which the molecules react 

might be limited by the ease with which they can travel 
through the water. A measure of their movement 
through the water is their rate of diffusion. If the solvent 
is changed, for example by using ethanol rather than 
water, then the rate of diffusion changes and the rate of 
the reaction changes. 

77.3. Suggest a reason why 2-iodo-2-methyl- 
propane, shown in Figure 77.4, does not react with 
hydroxide ions in the same way as iodomethane. 

Figure 77.4 The shape of 2-iodo-2-methylpropane (CH;)3Cl 

77.4 Why do reactions between ions like Ag* and 
Cl” not suffer from steric hindrance? 

77.4 How can we make reactions go 
faster? 

There are four ways that we can do this, which you will 
find listed in Table 77.1. We shall consider them one by 
one. 

Table 77.1. Factors that change rates of reactions 

Factor Comment 

At a higher temperature: (i) more molecules 
have an energy greater than the activation 
energy; (ii) there are more collisions. Both 
increase the rate of reaction 

Temperature 

Concentration The higher the concentration, the greater 
the number of collisions, and the greater the 
rate of reaction 

The greater the surface area of a solid, the 
greater the area open to reaction 

Surface area 

A catalyst provides a different pathway for a 
reaction, which has a lower activation 
energy than the original route. Therefore, at 
a given temperature, more molecules can 
react than when the catalyst is absent 

Catalyst 

(a) Temperature 

The most well known method of making reactions go 
faster is to heat the reactants. Heat increases the average 
speed of molecules. This has two results. First, the 
greater their energy, the more likely it is that bonds will 
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break, thereby allowing new ones to be made. We can 
put this in a different way by saying that: 

The higher the temperature, the greater is the 
chance of the reactants having an energy 
greater than the activation energy of the 
reaction. 

Secondly, the greater their speed, the more likely the 
particles are to collide, and so the greater the chance of 
reaction. However, it is possible for reactants to have 
too much energy. (If you would like to find out why 
this is, see question 77.2.) 

(b) Concentration 

If we do not wish to increase the temperature of a 
reaction mixture, there is another way of speeding 
things up. We can increase the chance of collision by 
increasing the number of particles in the mixture. That 
is, we can increase the concentration of the reactants. 
Again, the world of atoms and molecules has some sur- 
prises for us. Some reactions do not go faster if we 
increase concentrations. You will find out why in sec- 
tion 81.3. 

(c) Surface area 

There is a convenient way of speeding up reactions that 
involve solids. All that is necessary is to use a powder 
rather than large lumps of the solid. For example, mar- 
ble chips react with hydrochloric acid giving off carbon 
dioxide. The hydrogen ions in the acid attack the car- 
bonate ions at the surface of the chips. By grinding the 
chips to a powder, the surface area in contact with the 
acid is greatly increased. The more the surface area, the 
greater the chance of the hydrogen ions attacking the 
carbonate ions; hence the rate of reaction increases. 

(d) Catalysts 

In industry, time means money, and the speed with 
which reactions take place is of great importance. For 
example, if one company can make a drug faster than 
another, that company has a greater chance of making a 
profit on its sales. If success could be achieved simply by 
heating or increasing concentrations, then every com- 
pany would be equally successful. Clearly, life is not so 
simple, one reason being that too much heat can 
destroy the substance that is being made. A more subtle 
approach is to find a catalyst for a reaction: 

An ideal catalyst will increase the speed of a 
reaction without itself being destroyed during 
the reaction. 

In fact the majority of catalysts are not ideal. Eventually 
they lose their ability to catalyse a reaction. We shall 
discuss reasons for this later (section 81.6). 
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Table 77.2. Two enzymes and their function in 
the human body 

Enzyme Function 

Salivary amylase Converts carbohydrates such as starch 
into smaller sugar units, which can be 
absorbed into the blood stream. Found in 
saliva 

Decomposes peroxides, which would 
otherwise act as poisons. Found in the 
liver 

Catalase 

You may have met manganese(IVv) oxide, MnQ,, as a 

catalyst in the preparation of oxygen from hydrogen 
peroxide solution. A fraction of a gram of the oxide is 
sufficient immediately to bring about the reaction 

2H,O,(aq) > 2H,0(1) + O2(g) 

In the absence of the oxide, the decomposition of 
hydrogen peroxide does take place, but very much 
slower. The catalyst provides a different pathway for the 
reaction to take place. With the MnO, present, the reac- 
tion takes place at the surface of the solid. 

There is an even more efficient catalyst for this reac- 
tion. It is an enzyme called catalase. An enzyme is a 
biologically active catalyst. Enzymes occur naturally in 
our bodies (Table 77.2), and in the bodies of other living 
things. There are two main types of catalyst: 

Homogeneous catalysts are in the same state as 
the reactants. 

Heterogeneous catalysts are not in the same state 
as the reactants. 

Manganese(Iv) oxide is an example of a hetero- 
geneous catalyst. It is a solid, whereas the hydrogen 
peroxide it decomposes is a solution. Enzymes that are 
to be found at work in cell reactions are in solution, like 
the chemicals with which they react. Enzymes are 
homogeneous catalysts. 

Before we leave this section, it is important that you 
realise the influence that catalysts have on equilibrium 
reactions. The key points are: 

ward reaction as well as the forward reaction. 

By providing a lower activation energy, it is easier for 
the reactants to surmount the energy barrier (Figure 
77.5), but so too is it easier for the products to revert to 
reactants. For this reason a catalyst does not change the 
position of equilibrium; but it will mean_ that 
equilibrium is achieved more rapidly. 



e Sto 77.6 How would you show that manganese(iv) 
oxide is a catalyst for the decomposition of hydrogen 
peroxide? (Hint: there are two parts to this; you have 
to show that it speeds up the reaction, and that it is 
not destroyed.) 

Activation energy 
of reaction 
without catalyst 

77.7 A _ student attempted this definition of a 
catalyst: ‘It is a substance that speeds up a reaction 
without taking part in the reaction.’ What is wrong with 
the definition? 

Products 

Activation energy of the 
new reaction that uses 

— acatalyst 

sade 77.8 This question is about surface area. 

(i) If you had a cube of marble with sides exactly 1cm 
in length, what is the total surface area? 

(ii) Now imagine that you cut the cube into eight iden- 
Figure 77.5 The change of reactants to products has a lower 
activation energy if a catalyst is used 

tical smaller cubes. Each of these cubes has sides of 

length 0.5cm. What is the total surface area now? 

(iii) If you like mathematical puzzles, work out a 
general formula for the total surface area if each of 
the eight new cubes are split into eight more, and 
these into eight more, and so on for n times. Use your 
formula to work out the total surface area after 20 

77.5 If you were in charge of a chemical company, 
why would you prefer to find a catalyst that works at 
room temperature rather than heat a reaction to 
200° C? 

Answers 

77.1 (i) Oppositely charged ions do not need very 
much energy to make them react because it is not 
necessary to break bonds. 

(ii) lonic reactions have much smaller activation 
energies. 

(iii) In covalent reactions, covalent bonds must be 
broken. Therefore we would expect the activation 
energies to be of the same order as the strengths of 
covalent bonds, i.e. some hundreds of kJ mol7'. 

(iv) Inorganic reactions often involve reactions between 
ions. Organic reactions are usually reactions between 
covalent compounds in which bonds have to be broken. 
This requires a significant amount of energy; hence the 
need for heating. 

77.2 (i) If the two atoms do stick together, their total 
energy is greater than the energy needed to break the 
bond between them. The outcome is that the molecule 
breaks up and the atoms fly apart. 

(ii) If the collision is to be successful, there has to be a 
way for the hydrogen chloride molecule to lose energy 
before it has time to break apart. This can happen if it 
collides with a molecule of nitrogen. The molecule can 
give up some of its energy to the nitrogen molecule, 
which will move off faster than it was moving before. 

It can also happen that gaseous reactions are 
influenced by the collisions of the molecules with the 
walls of the container. 

77.3 The methyl groups get in the way of the hydroxide 

splits. This would be a very powdery sample of mar- 
ble chips. 

ion. That is, they cause steric hindrance. However, there 

is another effect at work here; see section 81.5. 

77.4 The ions are perfectly symmetrical. 

77.5 To raise the temperature requires heat to be 
generated. This can be very costly and is best avoided. 
Other costs are involved as well; for example, there — 
to be a method of cooling the products. 

77.6 If you try this reaction, be careful! Solutions of 
hydrogen peroxide come in different concentrations. A 
reasonable concentration to use is a ‘20 volume’ solu- 
tion. Do not use a solution labelled ‘100 volume’. This 
solution is too concentrated, and could explode. It is 

obvious that the reaction is quicker with the 
manganese(Iv) oxide. To be strict you should show that 
the gas given off is oxygen, e.g. by collecting some ina 
test tube and showing that it ignites a glowing splint. The 
more interesting thing is to show that the oxide is not 
used up in the reaction. This requires two things: We 
have to show (i) that the same mass is present at the 
beginning and end of the reaction; (ii) that the oxide is 
chemically unchanged. The powder should be weighed 
before the reaction. After the reaction it should be 
filtered off, washed, dried and reweighed. Within the 

limits of experimental error, the masses should be the 
same. In order to show that it is chemically unchanged, 
we should analyse it. The way of doing this would 
depend on the apparatus available; but it could be done 
by titration. 

77.7 \n chemistry, as in any science, it is best to avoid 
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Answers — contd. 

magical ideas. If the catalyst does not take part in the 
reaction, how could it have an effect? Catalysts do take 

part in a reaction. Indeed they may change their chemi- 
cal nature during the reaction; but at the end they should 
have the same formula and chemical properties that 
they had at the start. 

77.8 (i) 6cm?. 

(ii) 6x 8 x (1/2 cm)? = 12cm?. 

(iii) The general formula is 6 x 8” x (1/2")?cm?. This 
reduces to 6 x 2”cm?. When n= 20, the surface area is 
6291 456cm*. Clearly the powder has an advantage 
over the single cube. 

UNIT 77 SUMMARY 

Conditions for a reaction to take place: 
(i) The reactants must collide together. 

(ii) The more particles there are ina given 
volume, the more likely they are to collide 
and react.- 

(iii) The reactants must have the right energy. 
Activation energy is the minimum energy that the 

reactants need to change into products. 
Reactions may not take place because: 

(i) They are thermodynamically impossible. 
(ii) The reactants have an energy less than the 

activation energy. 

(iii) The reactants do not collide with the right 
geometry, i.e. there is steric hindrance. 

Rates are increased by: 
(i) Increasing the temperature. This increases 

the chance of reactants having an energy 
greater than the activation energy. 
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(ii) Increasing concentrations. This increases the 

chances of the reactant molecules colliding. 
(iii) Increasing the surface area (for reactions that 

involve solids). This gives more sites for the 
reaction to take place. 

(iv) Using a catalyst. 
Catalysts provide a new route for a reaction that has 

a lower activation energy than in the absence of 
the catalyst. 

Homogeneous catalysts are in the same state as the 
reactants, e.g. an enzyme in solution. 

Heterogeneous catalysts are not in the same state as 
the reactants, e.g. solid MnO, in hydrogen 
peroxide solution. 

A catalyst does not change the position of 
equilibrium; it increases the rate of the backward 
reaction to the same extent as the forward 
reaction. 



Two theories of reaction rates 

78.1 Collision theory 

We have already met the main ideas behind collision 
theory. They are that a reaction occurs if the particles 
involved in the reaction collide together, and if they 
have the right energy. We shall deal with the collisions 
and energy requirements separately. 

(a) Collisions 

We can give each reaction a collision frequency, which 
will be given the symbol Z. If the average speed of the 
moiecules is known, it is possible to estimate the value 
of Z. A typical value for 1 mol of particles is 10’? colli- 
sions every second in a volume of -lcm’, ie. 
Z=10'* cm?’ mol“! s~'. However, we have said that not 
all collisions are effective because the particles often 
have to meet at a particular angle. We can allow for this 
by multiplying Z by a steric factor, P. We shall write the 
effective number of collisions as N where 

N= PZ 

Because the rate depends on the number of collisions, 
we have 

rate is proportional to N, i.e. to PZ 

78.1 The steric factor, P, is a number. What are its 

maximum and minimum values? 

(b) Energy 

Rates of reactions increase as temperature increases. 
However, the way the rate increases is not simple. The 
increase is given by an exponential factor, called the 
Arrhenius factor: 

rate is proportional to exp(—£,/RT) 

Here, E, is the activation energy of the reaction, R is the 
gas constant and T the Kelvin temperature. The activa- 
tion energy is the minimum energy the particles need in 
order to react. 

We can put our two requirements about collisions and 
energy together in one equation. Any individual reac- 
tion will have its own particular values for P, Z and &,. 
This means that, at a given temperature, the two factors 
N and exp(—£,/RT) will be constant. This allows us to 
define the rate constant, k, for a reaction as 

k= PZ exp(~E,/RT) 

An equation just like this was established from experi- 
ment by Arrhenius. He wrote the rate constant as 

k=A exp(—E,/RT) 

The difference is that we have used collision theory to 
give an explanation of what his constant, A, might 
mean. 
We can use the Arrhenius equation to help us 

measure the activation energy of a reaction. If we take 

the natural logarithm of both sides, we have 

Arrhenius equation 

Ink 

Slope = —E,/R 

1/T 

Figure 78.1 A graph of Ink against 1/T is a straight line. The 
equation of the line is 

1 E Ink=InA-—x-— fine HokiWRE. 
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Energy 

Ink=In A—f2 
RT 

or 

laine ies as 
R tie 

A graph of Ink against 1/T should be a straight line 
(Figure 78.1). The slope will be —E,/R, and the intercept 
on the In k axis will give the value of In A, from which 
we can find the value of A. 

78.2 Here are some data for the reaction between 

hydrogen and iodine, making hydrogen iodide. k is 
the rate constant. , 

Temperature/K 500 550 600 650 = # £700 
Kicm MO Sp.) G01 2.04°)10.56 7.31 66.07. 

Some x Ome 

(i) Plot a graph of In k against 1/T. You will have to be 
careful with the scales, especially 1/T. Try putting the 
scale in multiples of 10~%, and do not necessarily start 
the 1/T scale at zero. 

(ii) Measure the slope of the line. The slope = —E,/R. 
Hence calculate the activation energy. Your answer 
should be given in kJ mol"'. 

78.3 Many reactions that take place around room 
temperature have activation energies around 50 kJ 
mol"?. 

(i) What is the value of exp(—E,/RT) at 25°C and at 
35°C? (Don’t forget to convert to kelvins.) 

(ii) Suggest a reason for the rule of thumb that a 
rate of reaction doubles for every 10°C rise in 
temperature. 

(iii) Is this rule valid for all reactions? © 

78.2. More about the activation 

energy 

We can illustrate the importance of the activation 
energy on a diagram like that in Figure 78.2. The reac- 
tants start with an energy that can be greater or less 
than that of the products. If the reactants have more 
energy than the products, then we have an exothermic 
reaction; otherwise the reaction is endothermic. The 
diagram shows that there is an energy barrier between 
the reactants and products. If the reactants are to 
change into products, they have to get over the energy 
barrier. That is, they must gain at least the activation 
energy. 

The diagram we drew in Figure 35.4, which shows 
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Exothermic 

Course of 
reaction 

Energy 

Endothermic 

Course of 
reaction 

Figure 78.2 Energy diagrams for exothermic and endo- 
thermic reactions, showing the activation energies for the 
forward reactions 

the spread of energies among gas molecules, allows us 
to understand why rates increase with temperature. 
Figure 78.3 tells us that, at a higher temperature, the 
energy distribution curve stretches out. The shaded 
areas give the proportion of molecules that have an 
energy equal to or greater than the activation energy. 
The area increases at the higher temperature. That is, 
more molecules can get over the energy barrier at a 
higher temperature than at a lower temperature. 



Proportion of 
molecules with a 
given energy 
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Figure 78.3 At higher temperatures the number of molecules 
with energy greater than the-activation energy increases 

78.3 Catalysts and activation energy 

Catalysts increase the rate of a reaction without the 
necessity of increasing the temperature. They do this by 
providing a different route for the reaction to take place. 
We say that the mechanism of the reaction is different in 
the presence of the catalyst. The key thing is that the 
new mechanism has a lower activation energy than the 
uncatalysed reaction (Figure 78.4). With the decrease in 
the activation energy, many more reactant particles are 
able to surmount the new energy barrier and turn into 
products. 

Energy 

Activation energy 
without catalyst 

Products 

Activation energy 
with catalyst 
via new mechanism 

Reactants 

Figure 78.4 A catalyst lowers the activation energy of a reac- 
tion by providing a new mechanism 

78.4 A student wrote the following explanation of 
how a catalyst works: ‘When ethene and hydrogen 
react to give ethane, the molecules of the two gases 
must collide. Nickel catalyses the reaction. It does 
this by lowering the activation energy of this collision 
reaction between the two molecules.’ 

Can you find the error that suggests that the 
student does not really understand how catalysts 
work? 

78.4 Transition state theory 

Transition state theory explains rates of reactions in a 
rather different way to collision theory. In transition 
state theory we concentrate on what happens to the 
reactants when they are about to change into products. 
This change takes place at the top of the energy barrier, 
so this is called the transition state region (Figure 78.5). 
When a reactant molecule, or combination of mol- 

ecules, is changing into products, some of its old bonds 
are breaking, and new bonds are being made. When the 
reactants are in this state of change they make up the 
activated complex. The activated complex does not always 
change into products; it can equally well change back 
into the reactants. 

One example is the reaction between a hydrogen 
atom and a hydrogen molecule. The transition state is 
linear, with the two bonds somewhere between being 
made and being broken (see Figure 78.6). If the energy 
possessed by the transition state is concentrated in bond 
A, then it changes back into reactants; if it concentrates 
in bond B, then it makes products. 

It can happen that the activated complex changes 
into an intermediate that is more energetically stable 

Energy 
Transition state region 

Reactants 

Products 

Course of 
reaction 

Figure 78.5 The transition state lies at the top of the energy 
profile 
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Course of reaction 

Figure 78.6 The reaction between a hydrogen atom and a 
hydrogen molecule involves a linear transition state (see text) 

than the activated complex. The intermediate may last 
for sufficiently long time to allow it to be isolated, but 
this is rare. More often it is possible to spot an inter- 
mediate by virtue of its spectrum. The intermediate may 
change into another activated complex before finally 
being converted into products. An example of this 
occurs in the reaction between hydrogen chloride and 

Energy 

Intermediate 

H 

| 
CH €— Crs 

® 

CH; H 
\ / 
GC Hel 

Jf \ 
H 

Course of reaction 

Figure 78.7 In some reactions an intermediate lies at a dip in 
the energy profile. The intermediate is said to exist in a meta- 
stable state. This example is for the reaction between hydro- 
gen chloride and propene 

Answers 

78.1 P cannot be greater than one, or less than zero. If 
P=1, there is no steric hindrance. If P=0, the reaction 
is completely blocked. 

78.2 (i) The values of Ink and 1/T are shown below 
and are plotted in Figure 78.9. 
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propene. During the reaction, one intermediate that 
occurs is a positively charged ion (a carbocation) 

Te 

CHE — CH Gin 

The energy profile for the reaction is shown in Figure 
78.7. 

It is the aim of transition state theory to explain the 
rates of reactions by working out the nature of the 
activated complex, how it is made from the reactants 
and how it changes into products. You will find further 
examples of transition states in later units, especially 
those dealing with the mechanisms of organic reactions. 

78.5 A student looked at the energy diagram of 
Figure 78.8. It applies to a reaction that, under the 
same reaction conditions, can give two products, A 
and B. The student wrote the following: ‘Product A is 
more energetically stable than product B. Therefore if 
we did this reaction in the laboratory, A would be 
made much faster than B, and we would obtain nearly 
all A as the product.’ 
Was the student correct? Give reasons for your 

answer. 

Energy 

Product B 

Reactants 

Product A 

Figure 78.8 The energy diagram for question 78.5 
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Figure 78.9 Graph for answer to question 78.2 

(ii) The slope is —20 x 10°K, so we have 

E,.=20x 10°K~'8.314J K~' mol-'=160.6kJ mol”! 

Just as a matter of interest, the collision frequency is 
around 10'*cm? mol"! s“'. 

78.3 (i) 

exp[—50 000J mol” '/(8.314 J K~' mol-'x 298 K)] 
=e x10 

and 

exp[—50 000J mol '/(8.314 J K~' mol"! x 308 K)] 
=3.381x10° 

(ii) For this 10°C rise in temperature the exponential 
factor has almost doubled. This means that the rate will 
have almost doubled. Hence the rule. 

(iii) No. The ratio changes as the activation energy 

changes. 

78.4 . The student is right that nickel does catalyse this 
reaction. But it is not the ‘collision reaction between the 

Energy 
Activation energy for 
making A 

Activation energy for 
making B 

Product B 

Reactants 

Product A 

Figure 78.10 Diagram for answer to question 78.5 

two molecules’ that is involved. The catalyst does not 
lower the activation energy of this process. The catalyst 
provides an entirely different route for the reaction to 
take place. Now the reaction takes place at the surface 
of the nickel. It is this reaction that has a lower activation 
energy than the separate reaction between the gases on 
their own. 

78.5 If we are thinking of the reaction in which they 
both turn back to products, the student was correct in 
saying that A is more energetically stable than B. 
Unfortunately, the diagram does not show the activation 

energies for the two reaction pathways. You can see 
from Figure 78.10 that the activation energy for making 
A could be much higher than that for B. For this reason, 
B would be made faster than A. We have no reason to 
think that B will change into A, so the product will be 

nearly all B. (Of course, in another case the student 
might be right; A might have the lower activation energy 
path.) 

The moral of this is that the most energetically favour- 
able product is not always the one that is made the most 
rapidly, or in the greatest amounts. 

Another complicating issue that we have ignored is 
the nature of the transition states in the two reactions. 
This can have a marked influence on the rate at which 
different products are made. 
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UNIT 78 SUMMARY 

@ Collision theory emphasises that reactions occur if: 
(i) The particles involved in the reaction collide 

together. 
(ii) If they have the right energy. 

@ Effective number of collisions N is N= PZ, where P is 
a steric factor and Z is the collision frequency. 

@ Rate is proportional to exp(—E,/RT), where E, is the 
activation energy. 

@ Rate constant k= Aexp(—E,/RT), where A is the 
Arrhenius factor; or k= PZ exp(—E,/RT). 
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e Transition state theory: 

(i) Concentrates on what happens to the 
reactants when they are about to change into 
products. 
Emphasises that the change takes place at the 
top of the energy barrier (transition state 
region). 
Claims that the reactants make an activated 
complex in the transition state region. 
Depending on how energy is spread round 
the complex, it may revert to reactants or 
change into products. 



Measuring the rates of reactions 

79.1 An example of measuring 
a rate 

To measure the rate of a chemical reaction, we must 
find out the change in the number of particles of a 
reactant that is disappearing or of a product that is being 
made. We must also record the time taken for the 
change to take place. 

Suppose we decide to measure the rate at which 
hydrogen peroxide solution decomposes in the 
presence of a catalyst. The equation for the reaction is 

2H,0,(aq) > 2H,O(1) + O2(g) 
There are three different types of molecule in the reac- 

tion, and we could put 

rate of 
disappearance = mune el notecwles CUD 
of H,O, time taken 

or 

rate of 
Bee ober ol moleetlesiof Ny Oipnoduced 
of H,O time taken 

or 

rate of 
ee eer of molecules of Owbroduced 
of O, time taken 

Fortunately we do not have to try to count the actual 
number of molecules of hydrogen peroxide, water, or 
oxygen. We can measure a quantity that is directly 
related to the number of molecules: their concentrations. 

At this stage common sense must take a part. We 
should decide which measurements would be the 
easiest to make. In this case, the oxygen can be collected 
the most easily, so it is the third equation that we 
should use. For a gas, the concentration is proportional 
to its volume at constant pressure and temperature, or 
its pressure at a constant volume and temperature. Thus 
we can put ‘i 

pote of _ volume of O, produced 
appearance = ——_—__ >» 
of O, time taken 

We could set up an apparatus like that in Figure 
79.1a, and measure the volume of oxygen collected 
every 10s or so. If the volume of oxygen given off is 
plotted against time, a graph like that of Figure 79.1b is 

Gas syringe 

Oxygen 

Hydrogen 
peroxide 
solution 

Catalyst 

25 cm? 

60s 

3 
Volume/cm Slope of tangent = 

~ 0.42 cm°s_! 

20 40 60 80 100 120 140 

Time/s 

Figure 79.1 (a) An apparatus for measuring the rate of 
decomposition of hydrogen peroxide. (b) Graph of results from 
an experinient like that shown in part (a) 
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79.6 The rate of reaction between marble chips 
(calcium carbonate) and hydrochloric acid can be 
determined in several ways. Two methods are 
illustrated in Figure 79.5. 

(i) Sketch the graph of volume of carbon dioxide 
given off against time, in method A. 

(ii) On the same sketch, draw in the line/curve that 
you would expect if you used acid that was twice as 
concentrated as before. In both reactions, all the mar- 
ble chips are used up before the syringe is completely 
full. 

(iii) When the gas syringe is being connected, the 
marble chips are in the small test tube, and not 
directly in contact with the acid. Why is this? 

(iv) Sketch the graph you would expect if you were to 
plot the mass recorded by the top pan balance 
against time, in method B. 

(v) Why is there cotton wool in the mouth of the 
flask? 

Gas syringe 

Hydrochloric 
acid 

Cotton 
wool 

Hydrochloric 
acid 

Marble 
chips 

Balance 

Figure 79.5 Two methods of following the rate of reaction 
between marble chips and hydrochloric acid (see question 
79.6) 

(vi) Sketch the graph you would expect if you were fo 
plot the mass of carbon dioxide given off against time, 
in method B. 

(vii) On the same sketch as in (iv), show the results 
you would expect if you used smaller marble chips in 
the experiment. Assume that the same mass of mar- 

ble chips is used in both experiments and that they 
are all used up. 

79.7 The reaction between thiosulphate ions and 
hydrogen ions is very easy to study. A Deaker con- 
taining 25cm® of 0.1 mol dm~> sodium thiosulphate 
solution is placed over a cross drawn on a piece of 
paper. Then 5cmé§ of a dilute solution of nitric acid is 
added. You would start timing as soon as the acid is 
added. Gradually the amount of sulphur in the solu- 
tion increases. Eventually there is so much sulphur 
that it is no longer possible to see the cross through 
the solution. The time taken for the cross to disappear 
is noted. Then the experiment is repeated but usimd 
sodium thiosulphate solutions of different concentr2- 
tions. Each time recorded shows how long it took for 
the same amount of sulphur to be made in each 

experiment. 
Here are some results. 

Concentration of 
thiosulphate 
/mol dm-3 0.01 0.02 O00 OO. 
Time taken/s 98 51 24 1 

(i) Plot a graph of time (horizontally) again 
centration of sodium thiosulphate (vertically). 

(ii) For which solution is the rafe the 
Explain how your graph gives you the answer. 

(iii) Plot a graph of concentration of sodium thi 
phate (vertically) against 1/time (horizontally). | 
graph a curve or a Straight line (within the limits of 

experimental error)? 

(iv) You should realise that 1/time is 2 measure of 
the rate of the reaction. How does the rate change 2s 
the concentration of the thiosulphafe soluion 

changes? 

(v) Is the rate proportional to [S.0O7 (ag), 

[S.0,7-(aq)P, or to [S,0,° (aq)? 

79.8 The hydrolysis of the ester, ethyl eifanoate. 
can be speeded up by reacting it with alkali rather 
than water alone: 

CH,COOC.H,(aq) + OH (aq)— 
CH,COO (aq) + C,H.OR (aq) 

One method of following the course of the reaction is 
outlined below. The method is not quite night The 
questions that follow will ask you to find out what is 
wrong. 

First, 50cm® of an aqueous solution of 0.07 moi 
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Figure 79.4 Diagram for panel 79.2 

units, but they are in common usage, so we have to 
put up with them. Especially, in visible and ultra- 
violet spectroscopy it is common practice to state 
values of the extinction coefficients for the absorp- 
tion bands of a molecule, or part of a molecule. For 
example, alkenes often have extinction coefficients 
of the order of 16 000 dm? mol”! cm™!. Copper(t) 
ions in water have a value nearer 10dm? mol"! 
on 
We can rearrange the equation in this way: 

u cs Lo 10 

Armed with a calculator, we can discover what 
happens to the intensity of light passing through a 
1 cm length of 1 mol dm~? copper(I) sulphate solu- 
tion. We have 

ae 1Q7 10x11 x1 = 107° 

I 

That is, the intensity of light emerging from the 
solution is very much less than the light entering. 
Now suppose we halve the concentration. This time 
we find that I/J,= 107°, so the intensity of light get- 
ting through is 100 000 times greater than before. 

(c) Volume changes 

We have already seen how to measure volume changes 
when gases are given off in a reaction. Some reactions 
involving liquids also show volume changes. An exam- 
ple is the reaction between 2-methylpropene and 
water: 

(CH;),C—CH, + H,O— (CH;);COH 

In the reaction, two molecules are replaced by one and 
there is a small decrease in volume. The reaction can be 
followed using a dilatometer. We have met the use of a 
dilatometer in question 57.1, where you will find an 
explanation of its use. 

(d) Pressure changes 

Reactions between gases are often followed by measur- 
ing changes in pressure rather than volume. (It is easier 
to keep the volume of the apparatus constant and 
measure pressure changes.) Examples of reactions that 
have been followed using pressure changes are 

2NO(g) + O2(g) > 2NO,(g) 

2N,0(g) — 2N,(g) + O2(g) 

Notice that in both cases there is a change in the num- 
ber of moles of gas. 

(e) Conductivity changes 

Ions take part in many reactions. Solutions containing 
ions conduct electricity, so if there is an increase in the 

concentration of ions, the conductivity will increase. On 
the other hand, if the concentration of ions decreases, 
the conduciivity will decrease. In some cases conduc- 
tivity measurements can be used even if there is no 
change in the overall number of ions. An example is the 
reaction between an ester such as ethyl ethanoate, 
CH,COOC,H,, and hydroxide ions: 

CH,COOC,H,(aq) + OH™ (aq) > 
CH,COO (aq) + C,H,OH (aq) 

Each time an ethanoate ion, CH,COO™, is made, a 
hydroxide ion is used up. As a consequence there is no 
change in the total number of ions. However, ethanoate 
ions have much smaller conductivities than hydroxide 
ions, so the reaction involves a gradual decrease in 
conductivity. 

(f) Rotation of the plane of polarised light 

In Unit 110 you will find that some molecules rotate the 
plane of polarised light. The amount of rotation can be 
measured using a polarimeter. The reaction of sucrose 
with water is an example. In the reaction, sucrose 
changes into a mixture of glucose and fructose. This 
brings about a change in the amount of rotation. The 
rotation can be measured at various time intervals. A 
graph of angle of rotation plotted against time allows 
the rate of the reaction to be determined. 

79.5 Look at the equations for the reactions below, 
and suggest the best method for measuring the rate 
of the reaction. If you think more than one method is 
possible, say so. 

(i) 5C,0,?- (aq) + 2MnO, (aq) + 16H* (aq) 
10CO,(g) + 2Mn?* (aq) + 8H,O(I) 
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(ii) MnO," (aq) + 8H* (aq) + 5Fe?*(aq) > 
Mn?* (aq) + 5Fe** (aq) + 4H,O(I) 

(ii) N2(g) + 3H,(g)—> 2NH,(g) 

(iv) H,O,(aq) + 21” (aq) + 2H* (aq) 2H,O(I) + I,(aq) 

(v) CgsHsNH, + CH,I— [CgH.NH,CH,]* + I- 



79.6 The rate of reaction between marble chips 
(calcium carbonate) and hydrochloric acid can be 
determined in several ways. Two methods are 
illustrated in Figure 79.5. 

(i) Sketch the graph of volume of carbon dioxide 
given off against time, in method A. 

(ii) On the same sketch, draw in the line/curve that 
you would expect if you used acid that was twice as 
concentrated as before. In both reactions, all the mar- 
ble chips are used up before the syringe is completely 
full. 

(iii) When the gas syringe is being connected, the 
marble chips are in the small test tube, and not 
directly in contact with the acid. Why is this? 

(iv) Sketch the graph you would expect if you were to 
plot the mass recorded by the top pan balance 
against.time, in method B. 

(v) Why is there cotton wool in the mouth of the 
flask? 

Gas syringe 

Hydrochloric 
acid 

Cotton 
wool 

Hydrochloric 
acid 

Marble 
chips 

Balance 

Figure 79.5 Two methods of following the rate of reaction 
between marble chips and hydrochloric acid (see question 

79.6) 

(vi) Sketch the graph you would expect if you were to 
plot the mass of carbon dioxide given off against time, 
in method B. 

(vii) On the same sketch as in (iv), show the results 

you would expect if you used smaller marble chips in 

the experiment. Assume that the same mass of mar- 
ble chips is used in both experiments and that they 

are all used up. 

79.7. The reaction between thiosulphate ions and 
hydrogen ions is very easy to study. A beaker con- 
taining 25cm® of 0.1 mol dm~* sodium thiosulphate 
solution is placed over a cross drawn on a piece of 
paper. Then 5cm% of a dilute solution of nitric acid is 
added. You would start timing as soon as the acid is 

added. Gradually the amount of sulphur in the solu- 

tion increases. Eventually there is so much sulphur 

that it is no longer possible to see the cross through 

the solution. The time taken for the cross to disappear 

is noted. Then the experiment is repeated but using 

sodium thiosulphate solutions of different concentra- 

tions. Each time recorded shows how long it took for 

the same amount of sulphur to be made in each 

experiment. 
Here are some results. 

Concentration of 
thiosulphate 
/mol dm~$ 0:01. :-0.02;.. 0:04... -.0.08.....0.1 

Time taken/s 98 5il 24 12 10 

(i) Plot a graph of time (horizontally) against the con- 
centration of sodium thiosulphate (vertically). 

(i) For which solution is the rate the smallest? 
Explain how your graph gives you the answer. 

(iii) Plot a graph of concentration of sodium thiosul- 
phate (vertically) against 1/Aime (horizontally). Is the 
graph a curve or a straight line (within the limits of 
experimental error)? 

(iv) You should realise that 1/time is a measure of 

the rate of the reaction. How does the rate change as 

the concentration of the thiosulphate solution 

changes? 

(v) Is the rate proportional to [S07 (aq)], to 

[S,0,2-(aq)]?, or to [S,0,7 (aq) }°? 

79.8 The hydrolysis of the ester, ethyl ethanoate, 

can be speeded up by reacting it with alkali rather 

than water alone: 

CH,COOC,H,(aq) + OH~(aq)—> 
CH,COO (aq) + C,H,OH(aq) 

One method of following the course of the reaction is 

outlined below. The method is not quite right. The 

questions that follow will ask you to find out what is 

wrong. 
First, 50cm* of an aqueous solution of 0.01 mol 
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dm ethyl ethanoate is mixed with 50 cm of 0.01 mol 
dm~* sodium hydroxide solution. The mixture is 
swirled together and placed in a thermostat bath. 
Every five minutes 10cm® of the reaction mixture is 
removed using a pipette. The 10 cm? of solution is run 
into a conical flask and titrated with a 0.01 mol dm~? 
solution of nitric acid. The volume of acid run in is a 
measure of how much sodium hydroxide had been 
used up. From the titration results, it is possible to 
follow the course of the reaction. 

(i) What absolutely vital instructions have been mis- 
sed out? 

(ii) Where/when should these instructions appear? 

(iii) Titrating the reaction mixture with acid is not the 
best method. A better approach is to run the mixture 
into a flask already containing enough acid to 
neutralise all of the hydroxide ions. Then the acid left 
over is titrated with another solution of sodium 

hydroxide of known concentration. Why is this, more 
elaborate, method likely to give better results? (Hint: 
quenching!) 

79.9 Iron(ill) ions react with thiocyanate ions, CNS~, 
to give a blood red complex ion, Fe(CNS)?*. If you 
were to attempt to follow the reaction in a colorimeter, 
what colour filter would you use? 

79.10 The reaction between hydrogen and iodine 
has been studied very extensively. It takes place 
readily at temperatures around 300°C: 

H,(g) + l2(g) > 2HIg) 
Your task is to suggest a method of carrying out the 
reaction, and of discovering the concentration of 
hydrogen iodide made at various times from the start 
of the reaction. You might like to know that the reac- 
tion virtually ceases at room temperature. Also, 
hydrogen iodide is strongly acidic in water. 

79.3 Measuring the rates of very fast 
reactions 

The methods of measuring rates that we have discussed 
so far are fine provided the reactions are fairly slow. If 
two chemicals completely react in, say, 0.01s, we have 
a problem in measuring the rate. For example, we could 
not mix them by pouring one solution into another; by 
the time they had finished mixing the reaction would 
be over. 

There are a number of methods that have been devel- 
oped to study very fast reactions. One is called stopped- 
flow (Figure 79.6). In a stopped-flow experiment the 
reactants are mixed very quickly by squeezing them 

First 
solution Mixing 

Second 
solution 

Figure 79.6 A stopped-flow apparatus 
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chamber 

into a reaction chamber. A piston beyond the chamber 
is pushed out, which triggers a light detector to send 
signals to an oscilloscope, or directly to a computer. The 
trace on the oscilloscope can be recorded on a photo- 
graph and the slope of the line determined at various 
times. Alternatively, andimuch more efficiently, a com- 
puter can be used to analyse the results. 

For reactions that are even faster, temperature jump 
can be used. An electric spark is passed through the 
solution. The spark causes a very large, but brief, rise in 
temperature. This upsets the chemical(s) being investi- 
gated and brings about a reaction. As in stopped-flow, 
the change in concentration can be detected very 
rapidly by using an_ oscilloscope or computer. 
Temperature jump has, for example, been used to 

To computer or 
oscilloscope 

Syringe forced 
out ——____j» 

; Switch 
eget - to trigger 

: computer into 
e.g. laser taking 

measurements 



To computer 

From | Sample tube 

flash 
tube | Detector 

f Primary 5 
f lash tube 

Figure 79.7 In a flash photolysis experiment, the sample is 
subjected to an intense flash of light from the primary flash 
tube. This causes chemical change in the sample. Some 
thousanaths of a second (or less) later, a light beam from the 
secondary flash tube passes through the sample. The degree 
of absorption of the beam depends on the species present in 
the sample tube. The absorption is measured by the detector 

Answers 

79.1 From the equation you will see that 1 mol of O; is 
produced when 2mol of H,O, decompose. Therefore, 

H,O, will be lost twice as quickly as O, is made. 

79.2 Rate of production of NH, 

=2xrate of disappearance of N. 
=%xrate of disappearance of H, 

79.3 The first (in 10s). The shorter the time, the faster 
the rate. 

79.4 Rate is proportional to 1/time. 

79.5 To answer this it is best to know that 
manganate(vil) ions, MnO,~, are purple in solution, Mn?* 
ions are very pale pink, Fe?* are pale green, Fe°* are 
yellow-brown, |, and |” ions together are deep brown. 

(i) A colorimeter could be used, or the volume of CO, 
given off could be measured. The latter approach has 
the disadvantage that CO, is somewhat soluble in water, 
sO measurements of gas volume at the start of the 
experiment will be in error. 

(ii) A colorimeter is best. The change in the intense 
colour of MnO,° is easily detected. 

(iii) Gas pressure. 

(iv) Conductivity measurements or a colorimeter could 
be used. Alternatively, thiosulphate titrations can be 
done to determine the change in iodine concentration. If 
the titration method is chosen, samples of the reaction 
mixture should be quenched. (There is also an alterna- 
tive method, known as the Harcourt-Esson reaction, 

that you may meet.) 

(v) Conductivity. 

79.6 (i), (ii) The graph is shown in Figure 79.8. With 
the more concentrated acid, the reaction will be faster, 

and the line steeper. Notice that, because the marble 

chips are used up each time, the total amount of carbon 
dioxide must be the same. 

(iii) If the marble chips and acid start to react before the 
syringe is connected, it is not possible to get an accurate 
measurement of the initial volume of carbon dioxide. 

investigate the rate at which the two strands in DNA zip 
together. 

A third method, called flash photolysis (Figure 79.7), 
can measure rates of reactions that are extremely fast. 
In this case, a very short, but intense, flash of light 
passes into the reaction mixture. After an equally brief 
period of time, another flash of light passes through the 
mixture. The molecules produced in the reaction absorb 
some of the light from the second flash. By taking a 
photograph, the spectrum of the molecules can be 
recorded. The intensity of the lines in the spectrum 
gives a measure of the concentration of the molecules. 
If the time interval between the first and second flashes 
is changed, the intensity of the lines in the spectrum 
changes. In this way a series of experiments allows the 
way the concentration of the molecules changes with 
time to be found. 

Volume 
of CO, 

More concentrated acid 

Less concentrated acid 

Time 

Figure 79.8 The graphs for answer to question 79.6(i) and 

(ii) 

(iv) The graph is given in Figure 79.9. Take care to 
realise that the mass of the flask must decrease. 

(v) When the marble chips react there is effervescence. 
As bubbles of carbon dioxide rise out of the acid and 
burst, they might throw small amounts of solution out of 
the flask. This would give inaccurate readings for the 
mass of gas given off. The cotton wool prevents droplets 
of solution escaping, but allows carbon dioxide through. 

(vi) The graph would be similar to that in Figure 79.8. 

(vii) The smaller marble chips will have the greater sur- 
face area, so the reaction will be faster. 

79.7. (i) The graph is plotted in Figure 79.10. 

(ii) The 0.01 mol dm? solution. Here the slope of the 
graph is the smallest. 

(iii) The values of 1/time are, ins~', 0.010, 0.020, 0.042, 
0.083 and 0.100. The graph is a straight line, as shown 
in Figure 79.11. 

Measuring the rates of reactions 477 



Mass of 
flask 

Larger sized chips 

Smaller sized chips 

Time 

Figure 79.9 Graph for answer to question 79.6(iv) and (vii) 

Concentration 

of thiosulphate 

/mol dm~? 

0.10 \ 

0.08 | x 

0.06 | 

0.04 r x 

0.02 

(@) a —— SS _——— SEE EE EE Ee 

0 20 40 60 80 100 

Time/s 

Figure 79.10 Graph for answer to question 79.7(i) 

(iv) From the second graph we can see that the rate 
increases as the concentration increases. 

(v) The fact that the graph is a straight line tells us that 
rate is proportional to [S,0,? (aq)]. If it were one of the 
other two possibilities, the graph would be a curve. A 
reaction that is directly proportional to the concentration 
of one of the reactants is said to be first order in that 
reactant. 

Actually there is a slight ‘cheat’ in this method. Once 
the 5cm* of acid is added, the thiosulphate is diluted 

from 25cm? to 30cm*%. Therefore all of the concentra- 
tions stated are slightly different. For example, the 
0.01 mol dm~* solution becomes about 0.008 mol dm °. 
You can try adapting all the values if you wish. 
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Concentration 

of thiosulphate 

/mol dm? 

0.10 

0.08 

0.06 

0.04 

0.02 

0 0.02 0.04 0.06 0.08 0.10 

(1/Time)/s | 

Figure 79.11 Graph for answer to question 79.7(iii). Note 
that 1/time is a measure of the rate of reaction 

\ 

79.8 (i) There is no mention of recording the time. 

(ii) A clock should be started when the reactants are 
mixed. The time at which the 10cm portions are titrated 
should be noted. 

(iii) If the reaction mixture is titrated with acid, the reac- 
tion between the alkali and ester does not finish until all 
the alkali is neutralised. (If the mixture were run into a 
flask containing ice, the situation would be improved. 
The ice would help to quench the reaction.) By running 
the mixture into acid, the hydroxide ions are immediately 
removed and the reaction is quenched. 

79.9 As the complex reflects red light, it absorbs in the 
blue region of the spectrum. Therefore you would use a 
blue filter. 

79.10 The reaction can be performed by sealing 
known quantities of the reactants into steel tubes. The 
tubes can be placed in a furnace/oven kept at the 
required temperature. At known time intervals the tubes 
can be withdrawn from the furnace. When they come 
into contact with air at room temperature they quickly 
cool and quench the reaction. The tubes can be opened 
under a known volume of water. Like hydrogen chloride, 
hydrogen iodide is very soluble in water. The acidic solu- 
tion can be titrated with an alkali in order to discover its 
concentration, and thereby the quantity of hydrogen 
iodide made in the reaction. 

Notice that because there is no change in the number 
of molecules during the reaction, volume or pressure 
changes cannot be used to follow the course of the 
reaction. 



UNIT 79 SUMMARY 

@ Rates are determined by measuring the change in pressure measurements (for gases), colour 
the concentration of a reactant or product over a changes and mass changes. 
period of time. Methods include titrations, 
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S50 
Rate laws 

80.1 What is a rate law? 

The usual pattern for reactions is that they start off fast 
and gradually slow down to a stop. You should realise 
that the reason they slow down is that the reactants are 
being used up. Therefore their concentrations decrease, 
and the number of collisions also decreases. Eventually 
there is so little left that collisions cease. A rate law is a 
way of expressing this behaviour in a more precise way. 
We might think that if we doubled the concentration 

of a reactant we would automatically double the rate; 
but this is not always so. Sometimes the rate will 
double, but sometimes it may increase by a factor of 
four; indeed sometimes it may not increase at all, or 
increase in an apparently weird fashion. 

A very common rate law is one where the rate is 
directly proportional to concentration. If we write one 
of the reactants as A, and its concentration as [A], we 
have 

rate « [A] 

or 

rate=k[A] First-order rate law 

This is called the first-order rate law. Here k is the rate 
constant. Every reaction has its own particular rate con- 
stant. Like equilibrium constants, rate constants will 
only change their values with temperature. For this 
reason, whenever the value of a rate constant is quoted, 

the temperature should also be given. In this unit we 
shall assume that, unless stated otherwise, rate con- 
stants are measured at 20°C. 

Other rate laws are 

rate = k[A]? Second-order rate law 

rate = k[A]? Third-order rate law 

Some reactions have a zeroth-order rate law. In this 

case, 

rate = k[A]° 

or 
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rate=k Zeroth-order rate law 

Zeroth-order reactions do not occur very often. You 
might think that they should not happen at all because 
the law says that the rate of the reaction does not 
depend on the concentration of the reactant. However, 
we saw in panel 79.1 that the reaction between iodine 
and propanone is zeroth order with respect to iodine. 

Some units of rate constants are given in Table 80.1. 

Table 80.1. The units of rate constants 

Order Units of rate constant* 

Zeroth mol dm~? s7? 
First Sa 
Second dm? mol”! s7! 
Third dm* mol? s7! 

*Usually concentrations are measured in mol dm’, and time 
in seconds. However, time is sometimes measured in other 

units, e.g. minutes, hours, days, or even years for very slow 
reactions 

The majority of reactions involve two or more dif- 
ferent chemicals reacting together. If we call the reac- 
tants A, B, C, etc., then the reaction might be first order 
with respect to A, first order with respect to B and 
second order with respect to C. The overall rate law for 
the reaction will be 

rate = k[A][B][C]? 

and the overall order of the reaction is four (1+1+2). 
For a general reaction in which we write the orders as 

x, y and z, we have 

rate = k[A}*[B}’[C]? 

The overall order of the reaction is x+y+z. 
Incidentally, orders are not always whole numbers. 

However, you are most unlikely to meet reactions that 
have fractional orders. 



80.1 What is the equation that tells us how rate 
constants vary with temperature? 

80.2 Suppose that a reaction has the rate law 
rate = k[A]?[B][C]*. What is the overall order? 

80.3 A reaction involves two chemicals, A and B. 

The reaction is second order in A and zeroth order in 
B. Write down the rate law for the reaction. 

80.2 How can we discover the 

rate law? 

The first thing to do is to use one of the methods of the 
last unit to follow the course of a reaction. The rate at 
which hydrogen peroxide, H,O 3, solution decomposes 
can be increased by adding a little copper(m) sulphate. 
Instead of collecting the oxygen given off, the con- 
centration of the hydrogen peroxide can be measured 
by titrating samples of the solution with potassium 
manganate(vil), KMnO,, solution. Here is a typical set 
of results obtained by withdrawing 20cm?’ samples 
every 5 min. 

Time/min 0 5 10 15 2 Om We 0) 

Vol. of 

mymO/cm 24.0 18.7. 14.6 11.3 8.8 69 5.4 

The results are shown plotted on the graph in Figure 
80. la. 

The rate of the reaction at any time is given by the 
slope of the line. The values of the rates are 

Time/min 0 3) 10 15 

Rate/cm’? min7=! —1.2 —0.93 -—0.73 —0.57 

Time/min 20 25 30 

Rate/cm’ min=! —0.44 —0.34 —0.27 

(The figures have a negative sign because the line 
curves downwards.) As we expect, the rate decreases as 
the H,O, is used up. At each of the times, the volume of 
KMn0O, is directly proportional to the concentration of 
H,O,. We can see how the rate depends on the con- 
centration by plotting another graph. This is the graph 
in Figure 80.1b. Clearly this is a straight line, which tells 
us that 

rate « [H,O,] 

or 

rate = k[H,O,] 

We have discovered that the decomposition of hydro- 
gen peroxide is a first-order reaction. 
We can use the same graph to calculate the value of 

Time/min 

Volume /cm? 

10 15 20 25 30. 

Rate/cm? min™' 

Figure 80.1 (a) Graph of volume of potassium manganate(vil) 
solution against time. (b) Graph of rate against volume of 
potassium manganate(vil) solution 

the rate constant. We know that k= rate/[H,O,]. This is 
the slope of the line, which equals 0.05 min™', i.e. 
k=0.05 min“. 

80.4 A student wrote down this sentence in an 
essay: ‘The rate constant for a reaction always has 
units of time~', for example s~' or min~'.’ Was the 
student correct? 
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80.3 Quick ways of finding the 
rate law 

The method of discovering the rate law we have just 
examined worked out nicely. However, it can be 
tedious to go through a similar procedure for every 
reaction. We shall now look at some other ways of 
deciding the order. One method is to look very carefully 
at the graph showing how the concentration of a reac- 
tant changes in time. 

(a) First-order reactions 

The graph for a first-order reaction is always a curve, 
but a curve of a special type. It is an exponential. The 
equation for the line is always of the form 

[A],= [A] exp(~ kt) 

[A], is the concentration at a time t and [A], the starting 
concentration. 

We have seen an equation like this in the units on 
radioactive decay. Indeed, we can think of radioactive 
decay as a particular type of first-order reaction. 

An exponential decay can be recognised because it 
has a constant half-life. If we look at the graph in Figure 
80.2, the time taken for the concentration to drop from 
120 to 60 units is 100s, which is the same time to drop 
from 60 to 30 units, and from 30 to 15 units. In this 
case, the half-life is 100s. 

Concentration 
(arbitrary units) 

120 X 

100 

0 100 200 300 400 
Time/s 

ty, ty, ty, 

Figure 80.2 An exponential decay has a constant half-life; in 
this case 100s 

Panel 80.1 shows you that there is a simple connec- 
tion between the half-life, ¢,,,, of a first-order reaction 
and the rate constant. It is 

0.693 
bpo= First-order reaction only 
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Panel 80.1 

The mathematics of rate laws 

First-order reactions 

Suppose we have a first-order reaction in which a 
substance A changes into products. We shall write 
the starting concentration of A as a. After the reac- 
tion has started, some of it will have changed into 
products. We shall say that after time ¢ a concentra- 
tion x has ‘disappeared’. We can show the informa- 
tion like this: 

A SS oproduds 
At start a 0 

At time t¢ a—x x 

For a first-order reaction we know that 

rate of formation _ the rate _, concentration 
of products ~ constant ~ of reactant 

If we use calculus, we can write the rate of forma- 
tion of products as dx/dt, so that at time f 

dx 
——=k(a-—x) Sr es 

Rearranging, 

kdt= de . 
(4—x) 

Now we have to integrate: 

[far de 
(4—x) 

The result is 

r=n(2.) a 
Alternatively, we have 

= exp(Kt) 
a 

(4—Xx) 
or 

(a— x) =a exp(—kt) 

In the main text this equation has been written 

[A]. = [Alo exp(~kt) 7 
Any one of these equations can be used to find the 
value of the rate constant. For example, if We. 
rearrange equation (1) we find 

In(a) —In(a— x) = kt 

If we plot a graph of In(a—x) against t we should 
obtain a straight line. The slope is —k, from which | 
we can calculate the value of the rate constant. 

The half-life of a first-order reaction occurs when 
x=a/2. Putting this into equation (1) shows that — 

kt, 5 =I1n 2 



box Uo?) First-order reaction 
k 

Second-order reactions 

We shall deal with two possibilities. There may be 
one reactant, for which the rate law is k[A]?; or two 
reactants, with the law k[A][B]. In the first case, the 
rate of the reaction will be given by 

a 
== kia — x7 ” (ax) 

Then 

a 
(a> x); 

which gives 

k dt= 

ke or kt= se 
a(a—X) a@-x a 

A graph of x/a(a—x) or 1/(a—x) plotted against ¢ 
should give a straight line of slope &. 

The half-life of the reaction occurs when x= a/2. 
Then we have 

ae =) Second-order reaction 
ka 

Tf there are two reactants involved, we shall 

assume that the concentration of B starts as b, and 
changes to b—x at time ft. Similarly, the concentra- 
tion of A is initially a and changes to a— x. During 

the reaction we have 

% ia wie ele x)(D =X) 

Rearranging, we have 

oe 
(a- x)(D-—x) 

The integration of the right-hand side can be done 
by the method of parts. The result is 

. (7 =) 

— \alb— x) 

| Unless you are doing a particularly advanced 
chemistry course you will not need to use this 
equation. 

(b) Second-order reactions 

Graphs of concentration against time for a second-order 
reaction are also curves. However, they are not 
exponentials, and do not have a constant half-life. A 
typical graph is shown in Figure 80.3, which shows the 
results of the reaction of the ester, ethyl ethanoate, with 
sodium hydroxide. 25 cm? portions of the reaction mix- 
ture are withdrawn at fixed time intervals and titrated 
with dilute acid. The volume of the acid used is a 

Volume of 

acid 

/cm 

40 

Time/min 
— eee 

15 min 30 min 

Figure 80.3 A second-order reaction does not have a con- 
stant half-life. In this case the change from 20 to 10 cm* takes 
15 min. If this were a first-order reaction, the change from 10 
to 5cm® should also take 15 min; rather it takes 30 min 

measure of the concentration of sodium hydroxide 
remaining at the given time. The results have been 
idealised so that you can see the method of working 
more easily. Real experimental results rarely work out 
quite so well. 

If you look closely at the graph, you will see that the 
half-life is not constant. The change from 20 to 10cm’ 
takes 15 min, the change from 10 to 5 cm’ takes 30 min. 
In this case the half-life depends on the concentration 
of the sodium hydroxide. 

Panel 80.1 shows you that for a second-order 

reaction: 

1 
= Second-order reaction 
[A], 

hia 

Here [A], is the concentration of the reactant at the 
beginning of the period in which the half-life is 
measured. In our example, for the change from 20 to 

10cm?, and assuming that 20cm?’ of the acid cor- 

responds to a concentration of hydroxide ion of 0.1 mol 

dm~*, we have 

: 1 
bnin=———————————— 

kx 0.1 mol dm“? 

which gives 

k=0.67 dm? mol7! min! 

Similarly, for the period from 10 to 5cm’, 

1 

kx 0.05 mol dm~* 

which gives the same value for k. 

30 min = 
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Concentration 

Time 

Figure 80.4 In a zeroth-order reaction, a graph of concentra- 
tion against time is a straight line (compare Figure 79.2). In 
both these graphs we assume that the concentration of one of 
the reactants is being measured 

(c) Zeroth-order reactions 

It is easy to spot a zeroth-order reaction because the rate 
stays constant even though the reactant is being used 
up. This behaviour shows up on a graph of concentra- 
tion against time as a straight line (Figure 80.4). 

The slope of the line is constant, which means that 
the rate is constant. You will find an explanation of how 
zeroth-order reactions come about in the next unit. 

80.5 Look carefully at the graphs in Figure 80.5 and 
discover the orders of the reactions. They might be 
zeroth, first or second order. 

Concentration 
/mol dm — 
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Concentration 

/mol dm— 

0.07 

0.06 

20 40 80 
Time/s 

Figure 80.5 Graphs for question 80.5 

80.6 Draw two axes of a graph. The vertical axis 
should be labelled ‘rate of reaction’. The horizontal 
axis should be labelled ‘concentration of reactant’. 
(The units and scales are unimportant.) On the graph, 
sketch lines that show how the rate varies with con- 
centration for (i) a zeroth-order reaction, (ii) a first- 
order reaction, (iii) a second-order reaction. 

80.4 The contribution of individual 

orders to the overall rate law 

Even if we know that a reaction is second order overall, 

we do not necessarily know the orders with respect to 
the individual reactants. There is a method that can 
help us out of the difficulty. The reaction is performed a 
number of times, and the initial rate measured. (The 
initial rate can be found from a graph, as in section 
80.2.) However in each experiment one of the reactants 
has its concentration changed. The series of results can 
be put into a chart, as shown in Table 80.2. Here we 
assume that there are two reactants, A and B, combin- 
ing to make a product, C. We can represent the reaction 
as 

A+B—>C 

Table 80.2. Some initial rates of reaction for a 

reaction between A and B 

Experiment [A] [B] Initial rate 
/mol dm~? /mol dm? /mol dm~? s~' . 

1 0.1 0.1 0.02 

2 0.1 0.2 0.04 

3 0.2 0.1 0.04 

ef 0.2 0.2 0.08 



The initial rate of production of C has been measured. If 
we look at experiments 1 and 2, we see that [A] 
remains constant while [B] doubles. We can also see 
that the rate doubles. Clearly A cannot be responsible 
for the change, so it must be caused by the change in 
[B]. A reaction whose rate doubles if the concentration 
of the reagent doubles must be a first-order reaction, i.e. 

rate < [B] 

To discover how the rate changes with [A] we need to 
find two experiments in which [A] changes but [B] 
remains constant. Experiments 1 and 3 are suitable. 

80.7 Table 80.3 gives the initial rate for a reaction 
between two chemicals X and Y giving a product, Z. 
(The results are subject to a little experimental error.) 

(i) What is the order with respect to X? 

(ii) What is the order with respect to Y? 

(iii) What is the overall order, and the rate law? 

Table 80.3. Initial rates of reaction for a 

reaction between X and Y 

Initial rate 

/mol dm~? s 
Experiment [X] [Y] 

/moldm=* = /mol dm~? =I 

0.01 0.02 0.12 
0.01 0.03 0.12 

0.04 0.07 1.90 
0.03 0.09 1.10 

80.8 Under certain conditions the reaction between 
thiosulphate ions and hydrogen ions is first order in 

Answers 

80.1 The Arrhenius equation, k=A exp(—E,/RT). 

80.2 Five (2+1+2). 

80.3 Rate =K{A)?. 

80.4 No. The statement is true for first-order reactions, 

but not for others. See Table 80.1. 

80.5 Inthe second graph you should find that there is a 
constant half-life of about 23 s. Therefore the curve is an 
exponential and the reaction is first order. The first graph 
does not have a constant half-life. Neither is it a straight 
line, hence it is neither first nor zeroth order. At this level 
of chemistry we can assume it is a second-order 
reaction. 

80.6 Your graph should look like Figure 80.6. For a 
' zeroth-order reaction, the rate is constant even though 

the concentration changes. Therefore we have a 
horizontal line. In a first-order reaction, the rate is 
directly proportional to the concentration. This gives a 

Here, as [A] doubles, the rate also doubles. Therefore 
the reaction is also first order in A. Combining the two 
results, we have the rate law for the reaction: 

rate = k[A][B] 

It is a second-order reaction overall. 
(You may have realised that the numbers in the table 

were deliberately kept simple. Real experimental results 
do not always fit a pattern quite so readily; you may 
have to look for the nearest whole number for the 
orders.) 

each of them, i.e. rate=k[S,O0,? ][H*]. A student 
measured the initial rate of the reaction four times 
using the combinations of solutions shown in Table 
80.4. Write down the actual concentrations of both 
ions in each experiment, and hence determine the 
value of the rate in terms of k. (Hint: you will have to 
think carefully about the difference between con- 
centration and volume.) 

Table 80.4. Data for question 80.8 

Solution of 
hydrogen tons 

Experiment Solution of 
thiosulphate ions 

Volume 

/cm? 
Concentration 

3 

Volume 

/com? /mol dm7 
Concentration 

/mol dm~? 

0.01 
0.01 
0.01 

Rate of 
reaction 

ie ee Zeroth 

Second 

First 

Concentration of 
reactant 

Figure 80.6 The graph for answer to question 80.6. (This 
question was based on: Lowry, R. S. and Ferguson, H. J. C. 
(1975). Chemistry: An Integrated Approach, Pergamon, 
Oxford, figure 17.2, p. 195) 
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Answers — contd. 

straight line at an angle (like a graph of y=x or y=2x, 
etc.). The angle is unimportant; it depends on the rate 
constant. A second-order reaction. depends on the 
square of concentration. This means that the line is a 
curve. 

80.7 (i), (ii) The key to this question is to notice from 
experiments 1 and 2 that while [X] is constant and [Y] 
changes, the rate does not change. This tells us that the 

rate is independent of [Y], i.e. it is zeroth order in Y. 
Therefore, we can ignore the [Y] in finding the order with 
respect to X. Comparing either experiment 1 or 2 with 
experiment 3 shows that as [X] increases by 4, the rate 
goes up by about 16 times. That is, the reaction is 
second order in X, i.e. the rate depends on [X]’. If you 
compare experiment 4 with either 1 or 2 you will find the 
effect of trebling [X] is to increase the rate by a factor of 
9, which again tells us that the reaction is second order 

in X. 

(iii) The overall order is second (2+ 0), and the rate law 
is rate = k[X]?. 

80.8 The key thing to remember is that the rate will 
change if the concentrations of the reagents change. In 
experiments A, B and C the concentrations of the thio- 

sulphate and hydrogen ions remain the same, although 
they are half the values stated in the table. For example, 
in experiment A, when the two solutions are mixed, the 

total volume becomes 50cm‘%. This is twice the volume 
of each of the separate solutions, so their concentrations 
are halved. The same thing happens in experiments B 
and C. However, in experiment D, the total volume is 

125cm%. The concentration of the thiosulphate ions will 
go down by a factor of 100/125. The concentration of 
hydrogen ions will be reduced by a factor 25/125. 
Hence, because the reaction is first order in both reac- 

tants, the rates will be: 

experiments A, B, C 
rate =k x (0.1/2)(0.01/2) =k x 2.5 x 10 

experiment D 
rate =k x (0.1 x 100/125)(0.01 x 25/125) 

=kx1:6x1034 

Units of rate in both cases are mol dm~'s~'. 

UNIT 80 SUMMARY 

e@ A rate law is of the form: rate = k[A]*[B]’[C]’, where 
[A], [B], [C] are concentrations of the reactants, 
and x, y, z are the orders of the reaction with 
respect to A, B, C. The overall order=x+y+z. 

@ Zeroth-order reaction: rate=k, independent of 
concentration. 

@ First-order reaction: rate=k[A]. 
@ Second-order reaction: rate=k[A][B] or k[A]? or 

kB]. 
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@ Third-order reaction: rate = k[A][B][C], or k[A]?[B] 
or k[A]?, etc. 

e@ First-order reactions: 
(i) Have constant half-life, t,,, =0.693/k. 
(ii) Show exponential change with time, 

[A], = [A]o exp(—kt). 



om 
Reaction mechanisms 

81.1 What is a reaction mechanism? 

The mechanism of a reaction is the explanation of how a 
reaction takes place. For example, we might find out 
which bonds are broken, what happens in the transition 
state, and whether the reaction takes place in one, or 
more than one, stage. Often it is possible to think of 
several mechanisms for a single reaction. The task of the 
chemist is to perform experiments that will help to dis- 
cover which mechanism gives the better explanation. 
One of the fascinations of studies of mechanisms is that 
molecules appear to have the remarkable facility to 
change the way they react depending on circumstances. 
For example, a mechanism that explains the reactions 
of gases at moderate pressures will not fit at low press- 
ures; a mechanism for a reaction in water may not 
explain the same reaction if it is carried out in another 

solvent. 
Working out a mechanism for a reaction can be very 

challenging, and fascinating for those people who like 
puzzles. However, it is not only the intrinsic interest 
of mechanisms that drives chemists to study them. 
Advances in biochemistry, medicine and industrial 
chemistry often rely on an understanding of mechan- 
isms to produce new chemicals, or to make known 

chemicals more efficiently. 

81.2. Bonds can break in two ways 

There are two ways a covalent bond can break. They are 
called heterolysis and homolysis. 

(a) Heterolysis 

This is when one of the atoms gains both electrons 
forming the bond. This atom now has one more 
electron than it started with, and becomes negatively 
charged. The other atom is left with one less electron 
than it started with, and becomes positively charged. 

(We assume that the covalent bond was made by each 

atom supplying one electron.) We can show heterolysis 

like this: 

ASR A SEB x 9 

or like this: 

AiB eA a ct By 

All other things being equal, the atom that has the 
negative charge will be the most electronegative of the 

two. 
An example of heterolysis is where 2-methyl-2- 

iodopropane undergoes the change 

H3C H3C ® CH; 

Xe ae ° 
Cal G + Ix 

| 

(b) Homolysis 

Homolysis is a more ‘democratic’ way of bond breaking. 

Here both atoms keep one of the two electrons. As a 

result they end up as neutral atoms: 

AxB— > A* +Bx 

The electron left over on each atom is not paired with 
another electron. Atoms like this are called free radicals. 
We shall show a free radical by putting a single dot next 

to the symbol of the atom, like this: X- . Free radicals are 

very reactive. Owing to its unpaired electron, it often 

seems that a radical’s one purpose in life is to react with 

other atoms or molecules. 
The study of free radicals has a long history. One of 

the earliest methods of detecting them was invented by 

the German chemist Paneth in 1929. He showed that, if 

free radicals were passed over a thin layer of lead, the 

layer would disappear. The apparatus he used is 

illustrated in Figure 81.1. 

Tetramethyl-lead(1v), Pb(CH;)4, was carried in to the 

apparatus by a stream of gas. When the tube was 

heated, a layer of lead appeared on the glass. He pro- 

posed that this was due to the tetramethyl-lead(Iv) 

_ undergoing homolysis: 

Pb(CHs)4(g) > Pb(s) + 4CH;°(g) 
methyl radicals 

If the position of heating was moved closer to the 

entrance to the apparatus, a new layer of lead appeared 

at the point of heating. However, equally interesting 
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Lead mirror 

Hydrogen gas + 
tetramethyl-lead(Iv) { ‘ 

Heat 
here 

New lead mirror 

Lead mirror disappears 

— =F 
Same - Waste 
mixture 4 4 4 

Now heat 
here 

Figure 81.1 The experiment performed by F. Paneth in 1929, 
which provided evidence for the existence of free radicals 

was the fact that the first layer disappeared. This was 
the result of the methyl radicals recombining with the 
lead: 

Pb(s) + 4CH,-(g) > Pb(CH3)4(g) 

There are more sophisticated ways of detecting rad- 
icals now. One of the most important is electron spin 
resonance spectroscopy. 

81.1 Two bond energies are sometimes quoted for, 
the bond in a chlorine molecule: 242kJ mol-' and 
1150kJ mol~'. Which do you think refers to the 
homolytic fission and which to the heterolytic fission? 
Do tables of bond energies refer to homolysis or 
heterolysis? 

81.3 The slowest step in a reaction 
governs the rate 

A reaction that appears straightforward from its chemi- 
cal equation often turns out to contain some surprises 
in its mechanism. A good example is the reaction of 
iodine with propanone. The chemical equation is 

CH,COCH, (aq) + I,(aq) > CH;COCH,I(aq) + HI(aq) 

This tells us that one mole of propanone will react with 
one mole of iodine to give one mole of iodopropanone 
and one mole of hydrogen iodide. Please be sure to 
notice that the equation gives us absolutely no informa- 
tion about how fast the reaction takes place. Nor does it 

tell us anything about the mechanism. It is a golden rule 
that: 

The chemical equation tells us nothing 
definite about the rate or mechanism of a 
reaction. 
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Looking at the equation, it is tempting to think that the 
reaction of iodine with propanone takes place by mol- 
ecules of iodine colliding with molecules of propanone. 
If so, we would expect the rate to change if we changed 
the concentrations of either of the reactants. We might 
predict the rate law to be 

rate = k[CH,COCH,(aq)][I,(aq) | 
However, the experimental evidence is that 

rate = k[CH,COCH, (aq) | 

That is, the rate is independent of the concentration of 
iodine. For example, if the temperature is kept constant, 
the rate of the reaction is the same if we use 0.01 mol 
dm~’ or 0.1 mol dm~ iodine solution. We shall now 
consider a mechanism that can _ explain the 
observations. 

A nuclear magnetic resonance spectrometer detects 
the presence of hydrogen atoms in a molecule. The 
spectrometer shows that a sample of propanone con- 
tains hydrogen atoms attached to carbon atoms (which 
is what we expect). However, it also shows that a small 
proportion of molecules have a hydrogen atom 
attached to the oxygen atom. The reason for this is 
thought to be that, of its own accord, propanone exists 
in two forms (called tautomers), which are in 
equilibrium with each other: 

i ih 2 

CHG =~ G— CH ——_ CH; — C=CH), 

keto form enol form 

The molecule with a hydrogen atom bonded to the 
oxygen atom has a double bond. It is well known that 
such molecules (e.g. alkenes) react rapidly with halo- 
gens, and it is believed that it is the enol form that reacts 
with iodine to give the final products: 

OH 1 
| 

CH;—C=CH, + I, —+ CH,—C—CHI + HI 

Thus there are two stages in the reaction: The first is the 
keto form of propanone changing into the enol form. 
This takes place relatively slowly. Once it is made, the 
enol form reacts rapidly with iodine. This is a much > 
faster reaction: 

slow step 
fast step 

keto form— enol form 
enol form + iodine products 

stage I 

stage II 

The next thing to understand is that: 

The slowest step in a reaction determines the 
rate. 

We can see why this is by comparing this reaction with 
the way a computer works. The central processor might 
execute five million instructions each second, but it 
might take one second to type in a single instruction. So 
the effective rate would be one instruction each second. 



If the computer relies on receiving instructions from the 
keyboard, it would be pointless buying a new computer 
that executed ten million instructions each second. The 
rate of performing instructions would still be limited Py, 
the rate of typing: the slowest step_in-the-proeess.- 

centration of propanone, the greater is the concentra- 
\\ tion of the enol form, and the more product will be 
|\made. This is why the rate em on the concentra- 
| tion of Berane ncn af [See _ Olen 

81.2 The reaction between hydrogen and bromine 
is 

H,(g) + Bro(g)—> 2HBr(g) 
A student predicted that the rate law would be 

rate = k[H,(g)][Br2(g)] 

Was the student justified in making this prediction? 

81.3. The same student discovered a reaction that 

had the following pattern of stages involving the mol- 
ecules A, B, C and D: 

A—>B+C 

B+C—D 

Which is the more likely to be the rate law: 
(i) rate = k[A], or (ii) rate = k[B][C]? 

fast reaction 

slow reaction 
stage 1 
stage 2 

81.4 Free radical reactions 

Reactions between gases often involve free radicals. An 
example is the reaction between chlorine and a hydro- 
carbon like ethane. A mixture of chlorine and ethane 
can be kept for long periods of time at room 
temperature, provided it is guarded from sunlight. If 
sunlight, or even better (or worse, depending on your 
point of view) ultraviolet light, enters the mixture, 
there is an immediate explosion. When a reaction is 
sensitive to ultraviolet light it is a sure sign that free 
radicals are involved. The ultraviolet light has the effect 
of bringing about the homolytic fission (i.e. breaking) of 
bonds. This is the initiation step of the reaction. Once 
free radicals are let loose, the reaction proceeds very 
rapidly. These radicals can attack other molecules, 
which give rise to new radicals, which then go on to 
give further reactions, and so on. This is the propagation 
stage. From time to time the free radicals combine to 
give normal molecules. The removal of radicals from 
the reaction eventually brings the reaction to an end. 
This is the termination stage. We can show each of these 
three stages using some sample reactions: 

ning to our reaction;-theconversion of the be N ; 
{to the enol form of propanone is the slowest, rate | 

Initiation 

Cl,— 2Cl- 
GHICH. GEL: 

Propagation 

CH, CH; + Cl---CH, CHC) +H- 
CH,CH, + CH,-—> CH, + CH,CH,: 
CH,CH,Cl+ Cl-—> CH,CICH,Cl + H: 
CH,CICH,Cl+ Cl-—> CH,CICHCL, + H: 
Chas ACI+ Cl. 

Termination 

CH,CH,: + H-— CH,CH, 
CH,CH,: + Cl-> CH,CH,Cl 
CH,:+ Cl. CH,Cl 

The contents of the reaction flask (assuming it 
survives the explosion) will contain a range of 
chloroalkanes in which the hydrogen atoms of ethane 
have been substituted by chlorine atoms. A reaction like 
this is called a chain reaction because one reaction is 
linked to another like the links in a chain. 

Free radicals are involved in many of the chemical 

reactions that occur in the Earth’s atmosphere. Especi- 
ally, they are involved in the way in which 
chlorofluorocarbons (CFCs) interact with ozone (trio- 
xygen) in the stratosphere. One of the CFCs to be found 
in aerosol propellants is known commercially as Freon- 
12. Its formula is CF,Cl,. Ultraviolet light can break the 

carbon—chlorine bonds: 

CF,CL,_$ <CE,CL+,.C)- 

The chlorine radicals then attack ozone molecules: 

0,+Cl—>Cclo:+0, 

However, ozone is also disrupted by ultraviolet light, 
which provides a supply of free oxygen atoms: 

errr 

These take part in the reaction 

ClO:+ O—.0,-+Cl 

It is this last reaction that makes CFCs so dangerous to 
the ozone layer. It regenerates a chlorine radical, which 
can react with another ozone molecule, thus repeating 
the entire cycle. The production of one chlorine radical 
from a CFC can be responsible for destroying many 

ozone molecules. 

81.4 Free radical reactions can be controlled by 
adding inhibitors. These are molecules that combine 
readily with free radicals. Suggest a reason why an 
inhibitor added to a mixture of ethane and chlorine 
results in very little hexachloroethane, C,Cl,, being 
formed. 

81.5 In the reaction of ethane with chlorine, try to 
explain why: 
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(i) the reaction Cl- + Cl: Cl, has little part to play as 
a means of chain termination; 

(ii) CH,CH,Cl is more likely to react with a chlorine 
radical to make CH,CICH,Cl than CH,CHCI,. 

81.6 Use the values of bond strengths in Tables 
44.2 and 44.3 to explain why the reaction 

@.He— C.H+H: 

does not take place in the halogenation of ethane. 

81.7 In recent years there has been a great deal of 
concern about the amount of lead compounds that 
are entering the atmosphere. Among other things, 
lead accumulates in the bodies of young children and 
can cause mental retardation. One of the chief 
sources of lead pollution is petrol. An additive that has 
been added to petrol by petrol companies is 
tetraethyl-lead(iv), Po(C.H;),. Why do you think it has 
been added? 

81.8 In his pioneering work on mass spectroscopy, 
F. W. Aston made the following comments on p. 129 
of the second edition of his book Mass Spectra and 
Isotopes published in 1942: 

Carbon and its hydrides form well-marked groups of 
reference lines which were of the greatest value in 
developing the scale of mass . . . The second or C, 
group 24-C,, 25-C,H also appears frequently, 
derived from hydrocarbons in the wax and grease 
used in the joints of the apparatus . . . The higher 
groups C, and C, appear, for some obscure reason, 
when metallic methyls and carbonyls are present. 

What is the ‘obscure reason’ of which Aston was 

unaware? 

81.5 Mechanisms of the hydrolysis 
of halogenoalkanes 

If iodomethane, CH,I, reacts with hydroxide ions, it is 
converted into methanol, CH,OH. The chemical equa- 
tion is 

OH- + CH,I—>CH,OH +I- 

The rate law is found to be 

rate = k[CH,I] [OH] 

The hydroxide ion is not only negatively charged, it 
carries three lone pairs of electrons. Ions or molecules 
with one or more lone pairs very often seek out centres 
of positive charge. They are called nucleophiles. Hydrox- 
ide ions are powerful nucleophiles, and the attack by a 
hydroxide ion on iodomethane is an example of a 
nucleophilic attack. One of the lone pairs on the 
hydroxide ion begins to make a bond to the carbon 
atom, and at the same time the carbon to iodine bond 
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Transition state 

H 
te 

Ho Cet 
\ 
H 

Figure 81.2 The broken lines in the transition state show 
bonds that are in the process of making or breaking. If the 
C—OH bond strengthens, then products will be made. If, on 
the other hand, it weakens and the C—/ bond strengthens, 
then the reactants will be made again 

S) 

begins to weaken. Mid-way through the process, a tran- 
sition state is formed like that shown in Figure 81.2. 

This transition state is made from two molecules (we 
shall use the word ‘molecule’ to stand for any reacting 
particle, be it an atom, ion or true molecule). A single 
step reaction that has a transition state made from two 
molecules is said to have a molecularity of 2. 

In some cases the transition state breaks apart, 
returning to reactant molecules. In other cases the 
iodine leaves the transition state as an iodide ion, leav- 
ing the OH group firmly bonded to the carbon atom. 
This conversion of the transition state into products is 
assisted by virtue of the iodine ion being a good leaving 
group. lodine tends to leave a molecule more easily 
than, say, a chlorine atom partly because the carbon— 
iodine bond is relatively weak, and partly because the 
iodide ion often fits neatly into the surrounding solvent 
molecules. 

The result of the reaction is that the iodide atom is 
substituted by an OH group. We now have three pieces 
of information about this reaction: it involves a sub- 
stitution, a nucleophilic attack and has a molecularity of 
2. This is summarised by calling the reaction an S,2 
reaction. 
Now compare this with the reaction of 2-iodo-2- 

methylpropane, (CH;)3CI, with sodium hydroxide. The 
equation for the reaction is not unlike the previous one: 

OH~ + (CH,),CI—> (CH,),;COH + I- 

However, the rate law is 

rate = k[(CH,),CI] 

The fact that the rate does not depend on the concentra- 
tion of hydroxide ions tells us that hydroxide ions can- 
not take part in the rate determining step. 

The 2-iodo-2-methylpropane molecule — spon- 
taneously ionises. The positive ion produced is called a 
carbocation. (Carbocations were once called carbonium 
ions.) The formation of the carbocation is the slow step 
in the reaction (Figure 81.3). Therefore the ionisation 
step determines the rate of the reaction. Once the car- 
bocation appears in the solution, it can be attacked 
quickly by neighbouring negatively charged hydroxide 
ions. 



(a) First stage 

CH, CH; 
| ® (2) 

Ol ————— I 

CH; CH; CH; 

Carbocation 

(b) Second stage 

CH3 CH; 

HO & > BO #6 cre 

CH; CH3 CH3 

CH3 CH3 

le 9 \ 
ce” SoH —— C= OH 

CH, CH; CH; 

Figure 81.3 The mechanism of the reaction between hydrox- 
ide ions and 2-iodo-2-methylpropane. (a) The first stage is the 
autoionisation of the 2-iodo-2-methylpropane. (b) The second 
stage is attack on the carbocation by hydroxide ions. This can 
take place from either side of the carbocation. In this example 
the same product is made; in other cases, optical isomers are 

formed 

This result of the reaction is still a substitution of an 
iodide ion by an OH group. Similarly it involves a 
nucleophilic attack by hydroxide ions. However, the 
transition state consists of just one species, so the 
molecularity is 1. All this is summed up by calling this 
an Syl reaction. 

81.9 The transition state in the S,1 reaction we con- 
sidered involves a negative ion separating from a 
positive ion (carbocation). Suggest a reason why the 
rate of an S,1 reaction like this is much faster if it is 
done in a polar rather than a non-polar solvent. 

81.6 The influence of catalysts 

You should know that catalysts provide an alternative 
pathway for a reaction, and that the new route has a 
lower activation energy than the original reaction. In 
this section we shall take a closer look at how some 
catalysts achieve this feat. In Unit 78 we said that there 
are two broad categories of catalyst: heterogeneous and 
homogeneous. Solids are heterogeneous catalysts. The 
reactions they catalyse take place on their surfaces. A 

good example is the reaction between ethene and 
hydrogen: 

C,H,(g) + H2(g) > C2H,(g) 

This reaction is catalysed by nickel. At particular sites on 
the surface of a piece of nickel the atoms are arranged in 
such a way that the a cloud of electrons can overlap 
with an empty d orbital (Figure 81.4). (Nickel is a tran- 
sition metal, and these metals often have empty d 
orbitals; see Unit 105.) The ethene molecule is held to 
the surface, where it reacts with a hydrogen molecule. 

An active site ie 
Figure 81.4 Ethene molecules can bond through their x 
electrons. Vacant d orbitals on transition elements such as 
nickel can bond to ethene molecules. The x orbital on an 

ethene molecule overlaps with the d orbital 

The places on the surface where the geometry is just 
right for the molecules to sit are called active sites. The 
effectiveness of a solid catalyst is increased if it is present 
as a powder. A powder has a much larger surface area 
than a large lump. By increasing the surface area, the 
number of active sites is increased. 
Enzymes are extremely efficient biologically active 

catalysts. They are homogeneous catalysts, reacting in 
solution in body fluids. Enzymes are proteins, which, 
from a distance, appear as a long tangled chain of atoms 
consisting mainly of carbon, hydrogen, nitrogen and 
oxygen. On closer inspection, using X-ray diffraction, 
the structure of an enzyme shows up. The geometry is 
always very complicated, but a major feature that they 
have in common is a region into which only molecules 
of a very particular shape and size will fit. This region is 
the active site of the enzyme. Generally, only one type of 
molecule will fit the active site. This means that 
enzymes are much more specific than other catalysts. 
For example, only hydrogen peroxide molecules will fit 
the active site of catalase. The molecule that fits the 
active site is called the substrate. Figure 81.5 will give 
you a visual impression of how enzymes work. 

Enzymes have a feature in common with many other 
catalysts. They can be poisoned. A catalyst is poisoned if 
its active site(s) become clogged by an unwanted mol- 
ecule. Hydrogen sulphide is a very efficient poison for 

metal catalysts, and metal ions will often poison 

enzymes. A great deal of money has to be spent in 

‘industry to ensure that reactants are free of poisons 
before they are admitted to the reaction chamber con- 
taining a catalyst. Also, enzymes are particularly sus- 
ceptible to damage from too much heat. They are not 
designed to work at temperatures much above body 
temperature, 37°C. As the temperature rises, the struc- 
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Molecules with these shapes 
cannot fit the active site 

This molecule will fit 
the active site: it is 
the substrate 

Figure 81.5 A visual illustration of how the geometry of an 
active site will only fit one type of substrate (in most cases) 

ture of the protein chain around the active site changes. 
Very soon the change becomes irreversible. The delicate 
geometry of the atoms that hold the substrate in posi- 
tion is wrecked, and the enzyme stops working; it is said 
to be denatured. In living things, changes of this nature 
will lead to death. 

81.10 Imagine a reaction that only takes place when 
molecules of a gas are in contact with the surface of a 
solid. 

(i) Why is it that the reaction is likely to be zeroth 
order with respect to the gas? 

(ii) Will the pressure of the gas have any influence on 
the order of the reaction? 

81.11 The oxidation of ethanedioic acid, C,0,H., by 
manganate(vil) ions, MnO,~, can be followed in a 
colorimeter or by titration. The graph of concentration 
of MnO,~ plotted against time looks like that in Figure 
81.6. 

(i) Describe how the rate changes during the 
reaction. 

(ii) Does the graph fit one of the simple rate laws? 

(iii) Can you suggest a reason for the shape of the 
graph. 

(Hint: Transition metal ions are able to change their 
oxidation states quite easily. This allows them to 
behave as catalysts in redox reactions, i.e. reactions 
in which electrons are lost or gained.) 

81.12 Thallium has two major oxidation states, cor- 
responding to the ions TI* and TIS*+. Cerium exists as 
Ce** or Ce*+. 
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of MnO, 

oO 
Time 

Figure 81.6 The shape of the concentration against time 
graph for the oxidation of ethanedioic acid by potassium 
manganate(vii) 

(i) Why can the following reaction not take place in 
one step as written? 

Ce** (aq) + TI* (aq) Ce** (aq) + TIS* (aq) 

(ii) On the other, hand, the reaction 

2Ce** (aq) + TI* (aq) 2Ce** (aq) + TIS* (aq) 

can occur. Assuming the reaction takes place in one 
step, why is the reaction likely to be very slow? (Hint: 
think about the collisions that have to take place.) 

(iii) Manganese can exist in solution as Mnh?*, 
Mn**and Mn** ions. Try to work out how Mn?* ions 
can catalyse the reaction in (ii). You might like to 
know that Ce** can oxidise Mn?* and Mn** ions, and 
Mn** can oxidise TI* ions. 

81.13 It has been said that the role of the chlorine 

radical in the destruction of ozone is an excellent 

example of catalysis. Do you agree? 

81.7 The kinetics of enzyme 
reactions 

Enzyme reactions are so important that it is sensible to 
know something of their kinetics. The first thing that 
you will discover if you use an enzyme in a reaction is 
that the rate increases with the concentration of the 
enzyme. Similarly, the rate increases with the substrate 
concentration, but only up to a certain point. This 
behaviour is shown in Figure 81.7. 

There is a limit to the rate of the reaction. The reason 
for this behaviour is that the active sites become 
saturated with substrate molecules. When, on average, 
all the available active sites have substrate molecules in 
place, adding more substrate to the solution will have 
no effect. 
Enzyme reactions are also sensitive to pH. Usually 

there is an optimum pH at which the rate is a maxi- 
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Figure 81.7 How the rate of an enzyme reaction varies with 
the concentration of substrate molecules : 

mum. If the pH is increased or decreased from the 
optimum value, the rate decreases. The reason for this is 
that enzymes, like other proteins, are built from amino 
acids. These acids have the ability to lose or gain pro- 
tons. (You will find out why in Unit 123.) If an enzyme 
gains a proton, its charge increases by +1; if it loses a 
proton, its charge increases by —1. Even small changes 
in charge around the active site can prevent the 
substrate entering or leaving. 

81.14 The enzyme pepsin is involved in the break- 
down of food in the stomach. Estimate the optimum 
pH for the action of pepsin. (If you do not know how 
your stomach works, ask a biologist.) 

Answers 

81.1 The smaller value is for the homolytic fission. 
Heterolytic fission requires a process very much like 
ionisation to occur. This requires a great deal of energy. 
The tables refer to homolysis. 

81.2 No. It is not right to predict a rate law from the 
chemical equation. You might be surprised by the actual 
rate law: 

rate = k,[H.][Br.]°/(k,[Br.] + [HBr]) 

(The mechanism involves free radicals.) 

81.3 Stage 2 is the rate determining step, so we would 
expect 

rate = k[B][C] 

81.4 The inhibitor will react with free radicals more 
easily than the other molecules. It will prevent the propa- 
gation stage becoming too elaborate. Because there are 
initially a lot of ethane molecules and chlorine radicals, it 
is quite likely that C;H;Cl molecules will form, but as the 
inhibitor gets to work, few radicals will be left to convert 
C.3H,;Cl into C.H,Cl. and virtually none will live long 
enough to make C.Cl,. 

81.5 (i) The chlorine molecule must have had enough 
energy to split apart in the first place. So, unless the 
chlorine radicals lose some energy, e.g. by collision with 
other molecules, they will promptly fly apart again. 

(ii) If you were an incoming chlorine radical you would 
‘see’ three hydrogen atoms at one end, and two at the 

other. On this basis you would have a 3:2 chance of 
reacting to make CH,CICH,CI rather than CH3;CHCl. 
This ignores other effects such as the size and electro- 
negativity of the chlorine atom at one end. 

81.6 The bond strengths in kJ mol”' are: C—C, 346; 
CI-Cl, 342; C—H, 413. Thus the C—H bond needs 

more energy to break. 

81.7 Like Pb(CH,),, tetraethyl-lead(iv) converts into 
radicals when it is heated. The presence of radicals in 
the air and petrol vapour mixture in the pistons improves 
the rate of reaction. Therefore it gives better perform- 
ance. Fortunately, most car engines have now been 
designed to use lead-free petrol. 

81.8 The fragments of higher relative molecular mass 
(the C, and C,) probably came about through the pro- 
duction of free radicals, such as CH,-, from the metallic 
methyls. The free radicals would have combined with 
other carbon hydrides to give a variety of more compli- 
cated molecules. 

81.9 The carbocations and iodide ions can be solvated 

“by polar molecules (very much like an ionic substance 
dissolving in water). The solvation encourages the for- 
mation of the ions, so there are more of them in a polar 
solvent. This results in the rate increasing. A non-polar 
solvent cannot solvate the ions, so does nothing to 
favour the S,1 reaction. 
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Answers — contd. 

81.10 (i) The rate is likely to be controlled by the num- 
ber of active sites on the surface of the solid, not the 
concentration of the gas. 

(ii) However, at very low pressures, it may be that not all 
the active sites are occupied. If so, we would expect an 
increase in pressure (concentration) of the gas to 
increase the rate. The reaction would be likely to be first 
order in the gas at low pressure. 

81.11 (i) The rate is slow at the beginning and then 
greatly speeds up, until it becomes slow again near the 
end of the reaction. 

(ii) No. 

(iii) This graph is typical of reactions in which the prod- 
ucts, or intermediates, catalyse the reaction. We say 
that the reaction is autocatalysed. In this case 
manganese ions in a number of different oxidation 
states are produced in the reaction. As with other transi- 
tion metals, these oxidation states can assist in the 
transfer of electrons, and hence in the oxidation of the 

ethanedioic acid. Initially, there are few of the intermedi- 

ate oxidation states present; hence the reaction is slow. 
After a while, those that are made catalyse the reaction, 

which produces even more of them, which increases the 
rate even more; and so on. 

81.12 (i) The change of TI* to TI** requires the loss of 
two electrons. The change Ce** to Ce** takes only one 
electron. The charges are not balanced. 

(ii) In this equation the charges do balance, but the 
reaction can only occur if there is a collision between two 
Ce** ions and one TI" ion. This is a three-body collision, 
which does not happen very often. Hence the reaction is 
slow. 

(iii) The reaction scheme is: 

Ce** (aq) + Mn?* (aq) Ce** (aq) + Mn°* (aq) 
Ce** (aq) + Mn** (aq) Ce** (aq) + Mn**(aq) 
TI* (aq) + Mn** (aq) TI** (aq) + Mn?*(aq) 

You can see that the Mn?* used up in the first reaction is 
regenerated in the last reaction. 

81.13 You should agree. The radical speeds up a 
reaction that would otherwise not take place by provid- 
ing a path with a much lower activation energy. The 
other condition that it meets is that it is not used up 
during the reaction. 

81.14 The fluid in your stomach is highly acidic. The 
enzyme works best at around pH=2. 

UNIT 81 SUMMARY 

The mechanism of a reaction is the explanation of 
how a reaction takes place. 

There are two ways in which a covalent bond can 
break: 
(i) Heterolysis: one of the atoms gains both 

electrons forming the bond. 
(ii) Homolysis: both atoms keep one of the two 

electrons forming the bond. 
Free radicals are made in homolysis. These are 

atoms or groups with an unpaired electron. Free 
radicals are extremely reactive. 

Free radicals are involved in chain reactions, which 
occur in three steps: initiation, propagation, 
termination. 

The slowest step in a reaction governs the rate. 
The chemical equation tells us nothing definite 

about the order or mechanism of a reaction. 
Before changing into products, reactants form a 

transition state. 

The molecularity of a reaction is the number of 
species forming the transition state. 
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e@ Hydrolysis of halogenoalkanes takes place in two 
ways: 
(i) Syl, ice. unimolecular nucleophilic substi- 

tution (one species in the transition state). 

(ii) Sy2, i.e. bimolecular nucleophilic substitution 
(two species in the transition state). 

@ Syl reactions have carbocations as transition states. 
(Carbocations are organic groups with a positive 
charge.) 

@ Heterogeneous catalysts exist in a different state to 
the reactants. 

@® Homogeneous catalysts exist in the same state as the 
reactants. 

@ Enzymes act as homogeneous catalysts. Reactions 

take place at the active site of an enzyme. Only 
(substrate 

molecules) fit the active site. This explains why 
molecules of particular shapes 

enzymes only catalyse specific reactions. 
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The chemical industry 

82.1 Why is the chemical industry 
important? 

You can look at the chemical industry from many 
points of view. Some people think of it in terms of huge 
factories or oil refining plants giving out smoke and 
polluting the environment. Others see it in terms of 
facts and figures, profits and losses. The people who 
work in the industry see it as the source of their liveli- 
hoods. Whatever one’s view it would be hard to exag- 
gerate the importance of the industry. In our daily lives 
we cannot help but make use of chemicals. They are in 
the food we eat, or rather we should say that chemicals 
are the food we eat. They are the clothes we wear, the 
medicines we take and the immense variety of articles 
that we use. 

This large chemical plant near Bombay in India can process 
225 000 tonnes of naphtha per year. The naphtha is con- 
verted into ethene, propanone, PVC, and many other 
chemicals. 

A small batch reactor used for manufacturing fine chemicals 
in a pilot plant. The technician is monitoring a scaled-up 
chemical reaction. 

The properties of chemicals have been exploited by 
humans over thousands of years. Sometimes our know- 
ledge of their behaviour has been put to good use, 
sometimes to bad; and often the effects of their use 
have been entirely unexpected. Whatever your view of 
the industry as a whole, it is impossible to avoid its 
influence, on individuals, on the environment and on 
“the economy of a country. One of the signs of the econ- 
omic development of a country is the state of its chemi- 
cal industry. One reason for this is that the industry can 
take essentially simple, and often cheap, raw materials 
and turn them into much more valuable items. A par- 
ticularly good example is the Haber process. This 
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exploits the free supply of nitrogen in the atmosphere 
and converts it into ammonia, and then into fertilisers, 
upon which the efficient supply of food has come to 
rely. 

Often it is the poorer nations thar are the sources of 
the original chemicals, i.e. the feedstock. Traditionally 
these nations have exported the chemicals for proces- 
sing in the sophisticated chemical plants of developed 
countries. The developed nations make the most money 
out of this arrangement because the final product can 
be sold at a much greater profit than the feedstock. It is 
for this reason that underdeveloped countries have 
tried to develop their own chemical industries. 

82.2. The stages in producing a new 
product 

In the title to this unit, and the previous paragraphs, we 
have given the impression that ‘the’ chemical industry 
exists. In fact, there is no single chemical industry. This 
is the name we give to the many thousands of com- 
panies that would see themselves as processing chemi- 
cals as a major part of their business. However, they all 
have one thing in common: they can remain successful 
only if they generate profits. Profits are necessary not 
only to reward those who invest money but to fund 
research and development. A company cannot hope to 
be successful if it relies on old technology and does not 
improve its products. Let us take an example of a com- 
pany that produces fertilisers and see how the company 
finances might work. 

(a) Stage 1: researching a new product 

We shall assume that the sales team have discovered 
from their customers that the present fertilisers sold by 
the company, and those of competing companies, tend 
to release their nitrates into the soil too quickly for 
some crops to use. As a consequence the sales team 
think that they have identified a potential market for a 

Two of the drugs used for controlling blood pressure. The 
manufacture of heart, and blood related, drugs is a multi- 
million pound business. 
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new, slow release fertiliser. The size of the market is 
investigated and is thought large enough to warrant the 
development of a new slow release fertiliser. 

The research chemists are likely to spend some years 
on developing a fertiliser that fits, or nearly fits, the 
specification. 

This assumes that they are successful, an outcome 
that is by no means certain. In other words, there is a 
definite risk in the venture. The money spent on the 
research may come to nothing. However, a wise com- 
pany will not be researching only one product at a time. 
If it employs high quality staff, it is unlikely to fail in all 
its ventures. 

(b) Stage 2: moving to a pilot study 

The research done at the laboratory bench must be 
scaled up to a level that more closely matches the way 
the fertiliser will be finally manufactured. At this stage, 
and in the design of the final plant, the knowledge and 
experience of the chemical engineers is of crucial 
importance. They will need to calculate the amounts of 
feedstock required to give a specific yield of fertiliser, 
the cost of supplying the energy needed in the 
manufacture, the size of pumps, tubes, heaters, coolers 
and a myriad other things that have to be taken into 
account. 

(c) Stage 3: the decision to go ahead 

This is the stage at which the most difficult decision has 
to be taken. It is likely that it has taken five years since 
the plan to produce a new fertiliser was adopted. If an 
entirely new chemical plant has to be built to make the 
fertiliser, it may not be in operation for another two or 
three years. There will be the capital cost of building the 
plant, and on-going running costs to be taken into 
account. Also, the company has to be reasonably sure 
that the market for the product will be strong after the 
plant is built. This is no easy thing to decide. For exam- 
ple, feedstock costs might rise unpredictably, as they did 
some years ago when the oil producing countries all put 
up the price of oil. Similarly it is likely that other chemi- 
cal companies are planning to produce slow release 
fertilisers. If there is strong competition for similar prod- 
ucts, the price that the company can charge will be | 
forced down, as will their potential profits. Here, again, 
there is an unavoidable degree of risk that has to be 
taken. Only experience and good information from 
analysts, whose job it is to predict the trends in econ- 
omics and political climate, can reduce the level of risk 
to one that is regarded as acceptable. 

(d) Stage 4: making and selling the product 

Long before production is under way the sales team will 
be preparing potential customers for the arrival of the 
new fertiliser. They have to inform existing and poten- 
tial customers of the qualities of the new product, and 
encourage them to try it. The skills of the sales force are 
as important as the more scientific ones of the chemists 
and chemical engineers. There is little point in produc- 



The farmer is loading a fertiliser spreader. The numbers on the 

bag indicate that the fertiliser contains 20% nitrogen, 10% 

phosphorus, and 10% potassium. 

ing thousands of tonnes of fertiliser each week if no one 
knows it exists. However, no amount of salesmanship 
will persuade a customer to keep buying the fertiliser if 
it is not effective. The quality of the product will finally 
decide the fate of the whole exercise. 

(e) Stage 5: review 

This is where we go back to the beginning. Reports'on 
the fertiliser will be obtained from customers, and new 
or different needs identified. The whole cycle may begin 

-on a new product. However, it could be that the review 
of the operation shows that there have been misjudge- 
ments, or just bad luck, and that the fertiliser cannot be 
sold at a profit. In this case production may cease. It is 
not certain that it will be stopped, even if it is making a 
loss, because the company may not want to lose its 
customers to another company. It can be best to keep 
the present customers so that they will buy the next, 
more profitable, product. 

82.3 The economics of production 

When a company considers starting a new manufactur- 
ing plant, the managers must carefully consider the 
economics of the plant. We can think of the plant in a 
simple way as a process that has a number of inputs and 

outputs. Among the key inputs are the raw materials, 

energy and support services. The support services will 

include labour, laboratory services (e.g. for quality con- 

trol), security and fire services. It is a mistake to think 

that the only output is the major product, in this case 

the fertiliser. Other chemicals will be made by side reac- 
tions, and often energy is released. Usually the energy is 
trapped as steam at high temperature and pressure. As 
such it can be recycled to run electrical generators, 
pumps and the like. The side products will be purified 
and sold, provided there is a market for them. It is 

wasteful to run a plant that produces side products 

which cannot be sold. Indeed, it can be more economic 
to change the conditions in the production of the major 
product so that undesirable side reactions are suppres- 
sed, even if this means that the yield of the major prod- 
uct is reduced. 
We can split the costs of production into two: fixed 

costs and variable costs. Here are examples of each: 

Fixed costs Variable costs 

Labour Raw materials 
Maintenance Energy 
Safety Packaging 
Laboratory services Transport 
Management Licences and patents 
Depreciation 

The key difference between the two is that: 

Variable costs change with the amount of 

product made. 

Fixed costs do not change with the amount of 

product made. 

For example, the company might employ 500 people at 
the plant, including laboratory, maintenance, 
secretarial and security staff, managers and accoun- 
tants. These people will be employed for a whole year 
no matter whether the plant works at 100% or 50% of 
its capacity. On the other hand, the cost of raw 
materials might be cut by half if the plant works at only 

50% of its capacity. Similarly, the company might have 

to pay another firm for the use of one of its patented 

reactions. The charge for this will usually depend on the 

quantity of chemical made by the process. This is 

another variable cost. 
Depreciation is a cost which, unless you are in busi- 

ness, you might not think about. Suppose the plant 

costs £20 million to build and that it has a useful life of 

ten years. In effect the company will have suffered a 

loss of this £20 million during this time. Each year the 

plant is worth less than the previous year. The annual 

loss in value is the depreciation. There are several ways 

of calculating depreciation rates, but 20% per year is 

common. 
To see how the economics works, let us imagine a 

much simplified case where the fertiliser plant involves 

the sums below. Only two fixed and two variable costs 

have been included. One extra, and a crucial one, 

which you will see towards the bottom of the table, is 

the return on capital. This is the sum that the company 

expects to earn over the costs of running the plant and 

depreciation. We can think of this as the profit. Nor- 

mally a company will look upon the profit as a percent- 

-age of the money it has invested in the plant. The 

percentage has to be high enough to give the share- 

holders a reasonable return on the capital they have 

invested, and to fund the research and development of 

further products. We shall assume that the company 

requires a return of 15%. 
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Fertiliser manufacture, year 1 

Capital cost £20 million; depreciation at 20% each year. 
Return on capital at 15%. 
Production at 100% capacity: 100 000 tonnes fertiliser. 

Costs Sum/£ millions 

Labour I 
Depreciation 4 

Raw materials 10 
Energy mei 

Subtotal 17 
Return on capital OSs 

Total 20 

£20 000 000 
EB CespentonnG——————————— 

100 000 
= £200 

82.1. We appear to have worked out the price that 
the company must charge for its fertiliser if it is to 
trade profitably. 

(i) Suppose that there are problems with the plant, 
which means that it works at only 60% of its capacity. 
What should the new price of the fertiliser be? 

(ii) During the 1970s there was a marked increase in 
the cost of oil, owing to price rises imposed by the 
Gulf States. This had an influence on both raw 
material and energy costs. Assume that raw material 
costs double and energy costs increase five-fold 
compared to the figures we have used. What should 
be the selling price of the fertiliser in the first year? 

(iii) What will be the depreciation charge in the third 
year of production? Assume that inflation has 
increased the other costs by 10% compared to the 
first year. What should be the price of the fertiliser? 

82.4 Cash flow in the production 
cycle 

There can be a delay of many years from the first stages 
of manufacturing a new product to the time when it 
finally comes on to the market. During this time the 
company will be spending money. It will find this 
money either by using profits from previous years, or by 
borrowing money from a bank that specialises in lend- 
ing to chemical companies. Whichever choice is made, 
there is an expense involved. If the company borrows 
the money, it has to pay interest to the bank; if it uses its 
own money, it loses the interest it would have gained 
by investing it. The company will be willing to bear this 
loss for a number of years if it believes that the product 
will produce profits. 

One of the main things that a company must do while 
it is developing its new products is to take out patents. A 
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patent is a detailed description of the product and its 
method of manufacture. Most countries have a law that 
says that, once a patent is registered, another company 
or individual cannot use the method described in the 
patent to make the same product. In this way the com- 
pany can protect itself from all the work and costs 
involved in research and development being used by 
another company. A company will also take out a 
copyright on a brand name to prevent imitations being 
sold under the same name. 

However, patents have a finite lifetime, often 15 to 20 
years. Once the patent has run out, other companies 
can enter the market using the methods developed by 
the original company. It is at this stage that the competi- 
tion to sell a product becomes fierce. The competition 
drives down the price of the product as companies 
lower prices to persuade consumers to buy it. If the 
company does not make sufficient profits in the time 
the patent lasts, it is most unlikely to do so afterwards. 
Also, even while the patent is in operation, competing 
companies may develop very similar products with 
features that the original lacked. This is very common in 
the pharmaceutical industry, where relatively small 
changes can be made to molecules while maintaining 
the essential body chemistry. 

You will find in'Figure 82.1 a way of seeing how the 
economics of production varies through the life of a 
project. A negative cash flow means the company is 

J 

Cumulative 
cash flow 

After 7 years the income 
does generate profits 

9 10 Time/years 

In years 4 to 7 income is 
generated, but it goes into 
repaying previous losses 

In years 0 to 4 
no income is generated. 
Research, building of plant, 
etc., has to be paid for ; 

Figure 82.1 How cash flow changes during the life of a pro- 
ject. (Adapted from: Heaton, C. A. (ed.) (1984). An Introduc- 
tion to Industrial Chemistry, Leonard Hill, Glasgow, figure 4.4, 
p. 128) 



paying out more money than it is getting in. In the 
figure the graph reaches a minimum at four years. This 
is the time taken for research, development and con- 
struction of the plant. Only after this time is there a 
product to sell. Gradually the graph climbs upwards as 
profits are made. You can think of the profits being used 
to reduce the overdraft run up in the first four years. 
Only after seven years does the graph rise to show a 
positive cash flow. This is where true profits are made; 
the overdraft has been paid off. This happy situation 
only lasts for another eight years. Fifteen years from the 
start the patents have run out, and competition brings a 
decline in profits. 

The price of a pharmaceutical, or any chemical, must 
have built into it not only the actual cost of production, 
but an element to pay for the years in which the prod- 
uct was being developed. Pharmaceutical companies 
are often accused of selling their drugs at inflated prices. 
No doubt in some cases they do so, but given the 
amount of testing that has to be done before a new drug 
can be released on to the market, the price might have 
to cover ten years of development work (and fund the 
development of yet another new product). 

wee 

See 

82.5 Running a chemical plant 

There are many different types of chemical plant, but 
they usually use one of two methods of production. 
Either the chemical is made continuously, or it is made 
in batches. Continuous reactors are best when there is 
known to be a large and dependable demand for a prod- 
uct. Oil refineries work on a continuous basis. Crude oil 
is fed into the distillation towers, and the various prod- 
ucts are directed into the catalytic crackers, polymerisa- 
tion reactors and so on. Compare this with a speciality 
chemicals firm that makes small amounts of chemicals 
for research establishments in industry or universities. 
This type of firm may only sell 100kg of an organic 
reagent each year. The chemical would be made in 
small batches, perhaps around 10kg a month. 

Clearly the economics and physical scale of batch and 
continuous methods will be different, but they have 
many features in common. In particular, safety is of 
absolute importance, as is quality control. 

With the advances in automation it is possible to run 
a huge chemical plant with no more than a dozen 
workers. Temperature and pressure changes can be 

Cleaning the site of the Bhopal disaster, in which at least 2500 people died. 
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measured by instruments directly connected to com- 
puters. The computers can be programmed to control 
pumps, heaters and the like so that the plant is kept 
running under the best conditions. 

The way the reactors are controlled has a direct bear- 
ing on safety. Dangerous situations can be caused if the 
sensors respond too slowly, or not at all. Especially, 
exothermic reactions that are not cooled properly can 
increase their rate of reaction extremely quickly. If 
gases are produced, a sudden rise in pressure may frac- 
ture pipes and cause fires or explosions. Similarly, if the 
plant is not regularly inspected for metal fatigue, leaks 
can give rise to a poisonous cloud of gas escaping into 
the atmosphere, or to an explosion taking place. 

Two accidents, one in India at Bhopal in 1984, the 
other in England at Flixborough in 1974, illustrate the 
damage that can be caused if something goes wrong. At 
Bhopal a cloud of poisonous gas released from a chemi- 
cal works proved fatal to a large number of people in 
the surrounding area, and caused severe harm to many 
more. The cause of the accident has not been finally 
decided. There is evidence that the company was to 
blame for lack of care in monitoring the running of the 
plant, but the company claims that the accident was the 
result of sabotage. At Flixborough, caprolactam was 
made for use in Nylon manufacture. A leak in a pipe 
allowed vapour to escape into the atmosphere. The loss 
of vapour was not detected until too late and the entire 
plant was destroyed in a huge explosion. 

82.6 Designing a chemical plant 

The design of a chemical plant is sometimes as much an 
art as a science. The overall aim is to increase produc- 
tion while minimising costs, and at the same time keep- 
ing a good margin for safety. It is the chemical engineer 
who has the task of balancing a number of criteria to 
ensure the most efficient running. For example, chemi- 
cals tend to react faster at high temperatures. However, 
if the reaction is exothermic and involves an 
equilibrium, a high temperature will hinder the forma- 
tion of products. Often a compromise must be reached. 
Even if a high temperature is best for chemical reasons, 
for reasons of economy it may be best to work at a 
lower temperature. It may cost more to provide the 
energy to increase the temperature than is returned by 
the profit on the sale of the extra chemical produced. 

Similarly, gaseous reactions may be most effective at 
high pressures, but it is far more costly to build a plant 
to withstand high pressures. Indeed, a high pressure 
plant is also more expensive to run. 

Energy costs are one of the most important variables 
in the design and running of a plant. Large chemical 
sites are often run as integrated concerns. This means 
that, for example, the heat from an exothermic reaction 
in one part of the plant may be used to produce steam 
that drives turbines, compressors or pumps used in 
another part of the plant. Likewise an endothermic 
reaction may be used to cool fluid, which in turn cools 
gases from an exothermic reaction. 
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82.2 Why is it more expensive to run a plant at high 
pressures? 

82.3 Hydrogen is a feedstock for many industrial 
processes, not the least of which is the Haber pro- 
cess. Why is the hydrogen invariably made on the site 
rather than transported from another chemical plant? 
(Other chemicals, e.g. sulphur, are transported, so 
there must be something special about hydrogen that 
makes it uneconomic.) 

82.7 Energy and mass balances 

There are two guiding principles that must hold true for 
the changes that take place in a chemical process. They 
are as follows: 

(a) Energy balance 

The total energy put in to the process must equal the 
total energy taken out. This is just the law of conserva- 
tion of energy being restated in a different way. You 
should realise that it can be quite tricky doing the sums 
to take account of all the bond energies, the heat 
changes during the reactions and the energy require- 
ments to raise steam, run the pumps and so on. 
However, this type of calculation has to be done if the 
overall energy requirements of the plant are to be 
costed. 

(b) Mass balance 

The total masses of the reactants should equal the total 
masses of the products. This is true for the entire pro- 
cess, and for each individual stage. In previous units we 
have done calculations in which we find out how many 
moles of products can be obtained from a given number 
of moles of reactants. In the chemical industry such 
calculations are extremely important because the 
design of the plant depends upon them, as do calcula- 
tions of profitability. Also, the mass balance can help to 
solve problems that crop up during the analysis of the 
various processes. 

82.4 One of the most important aspects of design- 
ing a chemical plant is deciding where to put it. This 
question asks you to think about some of the issues 
involved when a _ hypothetical company, Dream 
Chemical Co., seeks a place to build a new plant. 

Dream Chemical Co. has a problem. It started life 
as a paint manufacturer, but in recent years it has 
suffered from intense competition as new companies | 
have entered the market. The company needs to 
establish a new range of products, and believes that 
its future lies in making polymers using oil as a feed- 
stock. It is willing to invest several tens of millions of 
pounds in building a plant on a completely new site. 



After a lengthy period of surveying possible locations, 
the company believes that a plant close to the town of 
Abitinland would be suitable. The map in Figure 82.2 
describes the location. 

Wildlife 
reserve 

Marsh 
land 

Proposed site 
for plant and 
new port area 

Old Port area 

Present 

Figure 82.2 The environment of the town of Abitinland 

Information about the town of Abitinland 
Population 25 000. 
History: Once a thriving industrial town based on 
small ship building and fishing. Ship building ceased 
with the decline in world markets during the 1960s 
and 1970s. Fishing has also declined. 
Present: Unemployment is high, about 15% among 
both males and females. Many young people leave 
the area in search of work. The quaintness of parts of 
the town and the neighbouring unspoilt countryside 
has meant considerable numbers of retired people 
have come to live in the area. It is also used as a 
dormitory town by commuters working in the city of 
Frantic 15 miles south. 

(i) Imagine you were one of the directors of Dream 
Chemical Co. Explain why the chosen site would be 
suitable for the new plant. 

(ii) The local newspaper wants to interview you. 
What would be the main points you would use to 
persuade the readers to support the project? 

(iii) You are now the newspaper reporter. What ques- 
tions would you put to the director? 

(iv) Several groups in the town are very much against 
the plant. Why would people be worried about it? 
What objections might be made? Which groups of 
people would make the main objections? 

(v) Which groups of people might be in favour of the 
plant? 

(vi) What benefits do you think the plant would bring 
to the town? 

(vii) What reasons would you give for opposing the 
plant? 

(viii) What further information would you want before 
finally deciding? 

82.8 Continuous and batch 

processing 

In some parts of the chemical industry, e.g. sulphuric 
acid manufacture, it it known that there is nearly 
always a large and constant demand for a product. 
Given the need to produce thousands of tonnes of prod- 
uct each week, a chemical plant is designed to work 
continuously, with the minimum of human interven- 
tion. Parts of the plant will only be shut down in cases 
of emergency, or for essential maintenance. Such plants 
use continuous flow reactors. The aim is to automate the 
working of a continuous flow plant. In this way labour 
costs are minimised. However, to construct a con- 
tinuous flow plant will often require huge capital 

expenditure. 
Continuous flow is only really suitable for processes 

where the reactants are gases or liquids. In these cases 
problems over mixing are relatively easy to overcome. 
For example, in reactions between solids and liquids it 
can be extremely difficult to design efficient mixers that 
will prevent solid matter from settling out. 

At the opposite extreme to continuous processing 
there is batch processing. Here, relatively small amounts 
of a chemical (perhaps some tens or hundreds of 
kilograms) are made in individual reactors. Batch pro- 
cessing is useful, and may be essential, where there is a 
demand for relatively small quantities of chemicals of 
very high purity. It is easier to control the reaction 
conditions in a small reactor and to clean it thoroughly 
between batches. Also, a small reactor can be made 

from specialised materials, e.g. very high grade steel or 

polymers, which would be unsuitable, or prohibitively 
expensive, for larger-scale continuous reactors. One 
disadvantage of batch processing is that it is more labour 
intensive than continuous processing. Batch processing 

is the method used to make small quantities of chemi- 

~ cals for research, pharmaceuticals, dyes and (increas- 

ingly) biochemical products. 
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Answers 

82.1 (i) The production is now 60 000 tonnes, a change 
of 60%. The fixed costs will remain the same, but the 
energy and raw materials costs will change by 60%. 
Thus, we have: 

Costs Sum/£ millions 

Labour 1 
Depreciation 4 
Raw materials 6 
Energy eZ 

Subtotal 12.2 
Return on capital 3 

Total 1y2 

Price per tonne = ee IDUO LL) 
60 000 

=reoe 

The price has increased by about 25%. This reflects the 
fact that it is often the fixed costs that determine the 
price of a chemical rather than the variable costs. 

(ii) 

Costs Sum/£ millions 

Labour 1 
Depreciation 4 
Raw materials 20 
Energy 10 

Subtotal 35 
Return on capital os: 

Total 38 

: _ £38 000 000 
Price per tonne = ——_____ 

100 000 
= £380 

This is a huge increase in price. Such price rises did take 
place in the 1970s, which brought about a significant rise 
in inflation and a recession in world trade. 

(iii) After the first year of production the plant is worth 
£20 million x 80% = £16 million; after the second year it 
is worth £16 millionx 80%=£12.8 million. The 
depreciation is £16 million — £12.8 million = £3.2 million. 

Costs Sum/£ millions 

Labour aa 

Depreciation Ore 
Raw materials 11 

Energy 2.2 

Subtotal 17-5 
Return on capital 3 

Total 20.5 

Price per tonne = B£e0.000,000 e000 
100 000 

= £205 

It appears that the price stays roughly constant. In fact 
such a result can be deceptive because the £205 in year 
three is worth 10% less than £205 in the first year, i.e. 
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about £185. In terms of the first year the price has 
actually dropped, and so has the true return to the 
company. Inflation can have a great influence on the 
accounts of a company. 

82.2 High pressure requires stronger pipes, more 
complicated engineering to join them together, and more 
energy is needed to run the pumps to develop the high 
pressure. Each of these involves significantly higher 
costs. 

82.3. The density of hydrogen is very low, which 
compared to other chemicals makes it expensive to 
transport, by tanker or by pipeline. Also, the huge scale 
of the Haber process makes it impracticable to transport 
the gas over long distances. 

82.4 (i) The following are relevant: (a) Oil will arrive by 
tanker; hence a port near to hand is essential. The port 
must be able to accept deep-sea tankers. (b) A 
motorway and railway close by are essential for efficient 
distribution of products, and delivery of consumables. 
(c) The unemployment level in the town means that 
there is a ready supply of unskilled and semi-skilled 
labour. However, once built, the plant would not employ 
many such people. However, it would have to attract 
skilled managers and technicians to the area from other 
parts of the country. The pleasant countryside and other 
amenities would assist in recruiting these people. There 
would be a number of new office jobs created. 

(ii) You might mention new jobs, e.g. in the port as well 
as the plant; the boost to the local economy through 
secondary services such as house building, increased 
trade for shops, garages, hotels, haulage companies, 
etc. 

(iii) Questions might include: how many jobs, and of 
what kind for the local people; the level of pollution the 
plant might cause; dangers of oil spillage in the port; the 
effect on the neighbouring wildlife reserve and marshes; 
the effect on the trade of the holiday resort further down 
the coast; effects on people in neighbouring villages of 
increased traffic? How would lorries reach the motorway 
and/or station? It is clear that a new road would be 
needed — which route would it take? 

(iv) The commuters and people who have retired to the 
area are unlikely to see any benefits for them: they came 
to the town because of its quietness and semi-rural 
location. People in the northern half of the town have 
always been further away from the traditional industrial 
area. They are likely to see the development as radically 
changing the area in which they live. Those on the 
northern edge of the town and the residents of Smallville 
suspect that the new road is bound to go near them. 
(They would be correct in this — it could not be routed 
through the built-up areas in the town itself.) 
Conservation groups would be most concerned about 
the effects on wildlife in the river, in the sea and in the 
marsh land. Residents of the seaside resort would be 
worried that the plant could discourage holiday makers. 

(v) Those people who hope to be employed at the plant. 
The owners of small (and large) businesses that would 
increase their trade. The Government might welcome 



Answers — contd. 
the plant on the basis that it might lead to significant 
export business. Politicians in power would welcome a 
decrease in the unemployment rate. Those who have 
always lived in the town might see the plant as a way of 
encouraging young people and their families to remain 
in the area. 

(vi), (vii) Only you know the answers to these! 

(viii) You would be right to expect facts and figures 
relating to the issues outlined above. For example, 
precise numbers of jobs, route of the new road, 
precautions to be taken against pollution, and measures 
to deal with pollution if it occurs. As a chemist you might 
also want details of the chemical processes in the plant 
so that you can judge the dangers of the types of 
chemical being used and made. 

UNIT 82 SUMMARY 

Stages in producing a new product: 
Research, pilot study, decision to scale up, making 
and selling, review of activity. 

Economics of production: 
Must account for fixed costs (e.g. labour, 
maintenance, safety services, laboratory services, 
management, depreciation) and variable costs, 
which depend on the quantity of product 
manufactured (e.g. raw materials, energy, 

packaging, transport, licences and patents). 
It is normal for a plant to move into profitability only 

after several years of production. 
In the running of a plant there must be an energy 

balance (total energy in= total energy out) and a 
mass balance (total mass of reactants = total mass 

of product and side products). 
Continuous flow processing: 

(i) Is used for making large quantities of 

chemicals for which there is a_ steady 

demand. 

(ii) Allows savings to be made on labour and 
buying chemicals in bulk. 

(iii) Often involves large capital costs. 
(iv) Mainly suitable for reactions of liquids and 

gases. 
e@ Batch processing: 

(i) Is used for making relatively small quantities 
of specialised chemicals, e.g. dyes, research 
chemicals, pharmaceuticals. 

(ii) Allows fine control of conditions to produce 

chemicals of high purity. 

(iii) Is suitable for reactions between solids and 

liquids requiring efficient stirring. 

(iv) Is often more _ labour 
continuous processing. 
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Chemical processes 

83.1 Examples of modern chemical 
manufacture 

In the next four units we are going to look at how some 
of the most important chemicals are made. In particu- 
lar, we shall take six examples: 

(i) sulphuric acid manufacture; 
(ii) ammonia manufacture; 

(iii) nitric acid manufacture; 
(iv) the chlor-alkali industry; 
(v) the extraction of metals; 
(vi) the oil industry. 

In this unit we shall deal with the first three. 

83.2 Manufacture of sulphuric acid 

The majority of sulphur is used in sulphuric acid 
manufacture. The scale of this industry is remarkable. 
For example, in the USA over 10000000 tonnes of 
sulphur are converted into sulphuric acid each year. It 
has been estimated that in 1990 the total output of 
sulphuric acid plants in Europe could be as much as 
200 000 tonnes per day. The quantity of sulphuric acid 
made or consumed by a country has been used as a 
measure of the state of its economy. If the economy is 
thriving, then industry needs huge quantities of the 
acid. Table 83.1 shows some of its uses. If the economy 
is in decline, the use of the acid also declines. 

Table 83.1. The uses of sulphuric acid 

Making superphosphate fertiliser 
Making ammonium sulphate fertiliser 
Processing of metal ores 
Manufacture of detergents 
Manufacture of paper 
Manufacture of Rayon and other polymers 
Manufacture of paints and pigments 
Electrolyte in heavy duty batteries 
Industrial treatment of metals 
Laboratory reagent 
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The acid is manufactured by the contact process (Figure 
83.1). There are three main stages in the process: 

(1) burning sulphur to make sulphur dioxide; 
(2) converting sulphur dioxide and oxygen into sul- 

phur trioxide; 
(3) absorbing sulphur trioxide in sulphuric acid to 

give highly concentrated sulphuric acid (oleum). 

We shall deal with each stage in turn. It is the second 
stage that is the most interesting from a chemical point 
of view. 

(a) Stage 1: making sulphur dioxide 

Before passing into the burning chamber, air is dried by 
passing it through concentrated sulphuric acid. Liquid 
sulphur is burnt at jets as it is sprayed into the chamber. 
A highly exothermic reaction takes place: 

S(1) + O,(g) > S0,(g); AH® = —298kJ mol"! 

This reaction is so exothermic that the energy released 
is more than sufficient to supply the energy require- 
ments of the entire plant. This is done by using the heat 
of the reaction to raise steam at high pressure. Steam is 
one of the most important commodities in a modern 
chemical plant. It can be used to power pumps and to 
provide heat for reactions. For example, in the sul- 
phuric acid plant, steam is used to keep the stock of 
sulphur molten and to drive the pumps that force the 
gases through the plant. In some countries the excess 
energy from sulphuric acid plants is used in local houses 
and offices for heating. It has been estimated that the 
energy supplied by the plant each day is equivalent to 
the burning of over 35 000 tonnes of oil. 

(b) Stage 2: catalytic conversion 

The key part of the method is the catalytic conversion of 
sulphur dioxide and oxygen into sulphur trioxide: 

2S0,(g) + O2(g) =2S80;(g); AH®=—197kJ mol! 

If you apply Le Chatelier’s principle to this reaction you 
should realise that the production of sulphur trioxide is 
favoured by (i) a low temperature and (ii) a high press- 
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Figure 83.1 A flowchart for a sulphuric acid plant using the contact process.. (Taken from: Austin, G. T. (1984). Shreve’s 

Chemical Process Industries, 5th edn, McGraw-Hill, New York, figure 19.3, p. 330) 

ure. So the maximum equilibrium yield should be 
obtained by cooling to a low temperature, and squeez- 
ing the gases together at a high pressure. As always in 
industry theory has to be tempered by economics. First, 
it may not be economic to wait for true equilibrium to 
be established. Secondly, if the temperature is lowered 
too much, the reactions will be so slow that the yield of 
sulphur trioxide is minuscule. Thirdly, it is costly to 
build a chemical plant to work at high pressures. 

The problem over increasing the rate of reaction is 
overcome by using a catalyst. The main one is made of 
vanadium(v) oxide, V,0,, which is combined with 
other materials as a support. Usually the catalyst is pro- 
duced in the shape of hollow cylinders. This gives a 
reasonable surface area while at the same time allowing 
a good flow of gas through the catalyst. The equilibrium 
constant for the reaction at 400°C is eight times larger 
than at 500°C, and 40 times larger than at 600° C. Even 
so, experience shows that a reaction temperature of 
550° C is the best. At this temperature the forward reac- 
tion is fast, but the reverse reaction is still slow. Indeed, 
the reaction is good enough to give over 70% conver- 
sion on passing through the catalyst. 

The method of passing the gases through the catalytic 
converter is crucial. To achieve more than 70% conver- 
sion the mixture of gases must be passed through a 
catalyst bed more than once (Figure 83.2). However, 
the reaction making sulphur trioxide is highly 
exothermic and, as we have seen, the higher the 
temperature, the less favoured is the production of the 
gas. For this reason, after passing through a catalyst bed 
for the first time, the exit gases are cooled by taking 
them through a heat exchanger. Then they enter the 
second catalyst chamber, and so on. Four passes ensure 
about 98% conversion into sulphur trioxide. 

Figure 83.2 A four-pass catalytic converter in making sulphur 
trioxide. (Data and diagram adapted from: Austin, op. cit.) 
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(c) Stage 3: absorbing sulphur trioxide 

Sulphur trioxide is the anhydride of sulphuric acid. The 
reaction 

SO3(g) + H,0(1) > H,SO,(aq) 

is violent and would lead to a highly corrosive mist of 
sulphuric acid fumes being made. Instead, the gas is 
passed into a tower packed with inert material over 
which concentrated sulphuric acid passes. The gas dis- 
solves very easily in the liquid, which although it gets 
hot does not vaporise at all easily. The liquid tapped off 
at the bottom of the tower is oleum. In addition to 
H,SO,, oleum contains disulphuric acid, H,S,O,: 

H,SO,(1) + SO3(g) > H,S,0,(1) 

After cooling, the oleum is mixed with dilute sulphuric 
acid to give sulphuric acid of the _ required 
concentration. 

83.1 (i) Why, ignoring practical matters, should a 
solid catalyst work best as a powder? 

(ii) What would happen if a powdered catalyst were 
used in the manufacture of sulphur trioxide? 

83.2 During the second stage of sulphuric acid 
manufacture: 

(i) The gases entering the first catalyst chamber are 
at around 440°C, not at 550°C. Why not? 

(ii) It can be necessary to heat the mixture of sulphur 
dioxide and oxygen to bring them up to 440°C. What 
is an efficient way of doing this? 

83.3 How would the excess energy from a sulphuric 
acid plant be passed to buildings in a neighbouring 
town? 

83.3 The Haber process for the 
manufacture of ammonia 

The main uses of ammonia are shown in Table 83.2. It is 
made via the reaction of nitrogen with hydrogen. Nitro- 
gen is obtained by the liquefaction of air (see section 
99.2). The major use of nitrogen is in the Haber process, 
which takes the gas straight from air. The reaction 
between nitrogen and hydrogen involves an equili- 
brium: 

N,(g) + 3H3(g) =2NH;(g); AH® = —92kJmol"! 

Table 83.2. The uses of ammonia 

Manufacture of fertilisers 

Manufacture of nitric acid 

Manufacture of polymers 
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‘In 1911, at the age of forty-two, Fritz Haber was appointed 
the first director of the newly founded Kaiser Wilhelm Institute 
for Physical Chemistry and Electrochemistry. He had already 
achieved international eminence, principally for his discovery 
of a process by which nitrogen could be fixed from the air. 
The task of building up the institute was interrupted by the 
Great War, during which Haber placed himself at the service 
of the state. He developed and introduced a new weapon, 
poison gas, and supervised its first — and devastating — use at 
Ypres in April 1915. After the war, Haber’s institute became 
one of the world’s greatest scientific centres. In 1933, the anti- 

Jewish decrees of the Nazi regime made his position unten- 
able, and he resigned. A year later he died in exile.’ (Extract 
taken from p.50 of Dreams and Delusions by Fritz Stern, 
Weidenfeld and Nicolson, London 1988.) 

The way the equilibrium proportion of ammonia varies 
with temperature and pressure is shown in Figure 83.3. 
(We assume that hydrogen and nitrogen are originally 
mixed in the ratio 3 to 1.) The graph shows that, as we 
expect, the greatest yield of ammonia occurs at low 
temperatures and high pressures. However, a low 
temperature decreases the rate of reaction, so it can be 
more profitable to work the plant at a higher temp- 
erature even though the maximum yield of ammonia is 
not obtained. Similarly, a plant that must withstand 
very high pressures will be much more expensive to: 
build and run than one which works at a lower press- 
ure. It is economical to use a moderate pressure even 
though the maximum yield of ammonia is not 
obtained. Most plants use pressures between 15 and 
30 MPa (150 and 300atm) and a temperature around 
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Figure 83.3 The graph shows that the percentage of 
ammonia in an equilibrium mixture of Nz, Hz and NH is 
greatest at low temperatures and high pressures 

500° C, which gives a conversion rate of around 15% to 

25%. 
The Haber process involves three main stages (Figure 

83.4): 

(1) supply and purification of the reacting gases; 
(2) compression of the gases and conversion into 

ammonia; 
(3) recovery of the ammonia. 

We shall examine each stage in turn. 

(a) Stage 1: supply and purification of 
the gases 

The source of hydrogen is naphtha (a mixture of hydro- 
carbons) from the oil industry, or natural gas. Sulphur 
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compounds are removed from the hydrocarbons by 
passing them over zinc oxide or activated charcoal. 
Then they undergo a two-stage process, known as pri- 
mary and secondary re-forming, in which they are reacted 
with steam over a nickel catalyst. The result of primary 
re-forming is that carbon monoxide and hydrogen are 
produced. For example, 

CH,(g) + H,O(g) > CO(g) + 3H(g) 

Secondary re-forming involves mixing the products of 
the primary re-forming with air and then carrying out 
the shift reaction. This increases the amount of hydrogen 
in the mixture by use of the reaction: 

CO(g) + H,0(g) =CO,(g) + Ha (8) 

The shift reaction, introduced by: Bosch, was an 
improvement on the original process; hence the name 
‘Haber—Bosch process’ is sometimes used instead of 
‘Haber process’. 

(b) Stage 2: compression and conversion 

Most of the carbon dioxide is removed from the prod- 
ucts of the re-forming stage by washing with potassium 
carbonate solution and by absorbing the gas in a variety 
of chemicals. Any remaining carbon monoxide and car- 
bon dioxide is converted into methane in the methan- 
ator. This is a vital stage in the process because it 
prevents the iron catalyst in the ammonia converter 
being poisoned. (The catalyst is not affected by 
methane.) Now the gases are compressed and passed 
through a tower packed with a catalyst. This is mainly 
iron, but other chemicals are added to improve per- 
formance. These substances are called promoters. Com- 
monly used promoters are aluminium oxide, zirconium 
oxide and potassium oxide. Promoters do not necess- 
arily take a direct part in the reaction. Often they 
improve the stability of the catalyst and increase its 
porosity, thereby allowing a greater surface area to be 
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Figure 83.4 A block diagram of ammonia manufacture; see the text for a description of the main stages. (Taken from: 

Austin, op. cit., figure 18.3, p. 306) 
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used. Haber process catalysts are easily poisoned, 
especially by sulphur compounds and carbon monox- 
ide. It is for this reason that the nitrogen and hydrogen 
have to be thoroughly purified before they are used. 

It is quite an art designing an efficient converter. The 
catalyst is arranged on perforated trays and the gases 
pass downwards through them. Beneath each tray the 
emerging gases, which are at a higher temperature than 
before they went through the catalyst, are cooled by 
passing through heat exchangers containing unreacted 
gases. 

(c) Stage 3: recovery of ammonia 

On emerging from the converter the gases are cooled 
and the pressure reduced. This causes most of the 
ammonia to liquefy. If necessary, the gases can be 
cooled below 0° C to remove even more ammonia. The 
unreacted gases, plus a litthe ammonia, are recycled. 
Ammonia is usually stored, and transported, as a liquid 
in steel tanks. 

83.4 The manufacture of nitric acid 

The main uses of nitric acid are shown in Table 83.3. In 
industry nitric acid is made in a process that relies on 
the catalytic oxidation of ammonia (Figure 83.5). Air 
containing about 10% ammonia, at around 230°C and 
900 kPa (9 atm), is passed through a metal gauze made 
of platinum (about 90%) and rhodium (about 10%). 
The reaction gives nitrogen monoxide as the main 

product: 
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Condensed steam 
make up water 

Table 83.3. The uses of nitric acid 

Manufacture of fertilisers, especially ammonium nitrate 
Nitration of organic compounds, especially in making 

explosives and polymers such as Nylon 
In the dyeing industry 
Treatment of metals 

4NH;(g) + 50,(g) > 4NO(g) + 6H,O(g); 
AH® = —904kJ mol"! 

The next stage involves the conversion of nitrogen 
monoxide into nitrogen dioxide: 

2NO(g) + O2(g) =2NO,(g); 

As we have seen earlier, this reaction is capable of going 
both ways, i.e. it is an equilibrium reaction. However, 
Le Chatelier’s principle tells us that the formation of 
nitrogen dioxide will be encouraged by a low 
temperature. Given that the catalytic conversion is 
highly exothermic, it follows that the gases have to be 
cooled before the nitrogen monoxide and the unreacted 
oxygen in the air will give a good yield of nitrogen 
dioxide. In practice the reaction goes almost completely 
in favour of witrogen dioxide if the temperature is kept 
below 150°C. After cooling, the gases are washed with 
both water and dilute nitric acid. This is the stage at 
which nitric acid is produced. Under the conditions 
used the reaction is 

3NO,(g) + H,O(1) = 2HNO,(aq) + NO(g) 

The acid solution contains between 50% and 60% 

HNO,. It is often contaminated by unreacted nitrogen 

AH® =—114kJ mol! 
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Figure 83.5 Block diagram of nitric acid manufacture. (Adapted from: Austin, op.cit., figure 18.8) 
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dioxide, which can be removed by passing the acid 
down a tower through which air is blown. If highly 
concentrated nitric acid is required, the dilute acid is 
passed through a tower containing anhydrous 
magnesium nitrate. The anhydrous salt absorbs much of 
the water, giving a liquid that is 95% HNOs. 

83.4 There is a side reaction when ammonia and 
oxygen combine in the first stage of nitric acid 
manufacture. It occurs when the nitrogen monoxide 
that has been made itself begins to react with 
ammonia. 

4NH,(g) + 6NO(g) > 5N,(g) + 6H,O0(g) 
This is highly undesirable. 

(i) Why is it undesirable? 

(ii) Explain how adjustment of the flow rate of the 
gases through the catalyst can prevent the reaction 
taking place. 

83.5 What do you think is done with the nitrogen 
monoxide given off when nitrogen dioxide and water 
react? 

Answers 

83.1 (i) The powder will have a large surface area and 
therefore proportionately more active sites. 

(ii) Assuming that it does not get blown out of the 
catalyst chamber, it would be compacted into a hard 

mass by the pressure of gas, and the gases would not 
be able to get through it. 

83.2 (i) They are heated by the energy released dur- 
ing the reaction. If they were at the higher temperature 
before entering the chamber, then the temperature rise 
would bring about a reduction in yield of the product. 

(ii) Pre-heat them using the heat of the product gases 
by passing the two through a heat exchanger. 

83.3 By passing steam along insulated pipes. Steam 
pipes are the chemical industry’s energy highways. 

83.4 (i) It will lower the yield of nitrogen monoxide, and 
therefore of nitric acid. 

(ii) If the flow rate is kept just right, all the ammonia is 
converted into nitrogen monoxide, leaving none for the 
side reaction. If the flow rate is too fast, the gases pass 

too quickly across the catalyst. This leaves ammonia 
free to react with nitrogen monoxide. 

83.5 It is recycled. 

UNIT 83 SUMMARY 

@ Manufacture of sulphuric acid: 
(i) Burning sulphur to make sulphur dioxide. 
(ii) Converting sulphur dioxide and oxygen into 

sulphur trioxide. 
(iii) Absorbing sulphur trioxide in sulphuric acid 

to give highly concentrated sulphuric acid 
(oleum). 

@ The Haber process involves three main stages: 
(i) Supply and purification of the reacting gases. 
(ii) Compression of the gases and conversion 

into ammonia. 
(iii) Recovery of the ammonia. 
Most plants use pressures between 15 and 30 MPa 
(150 and 300atm) and a temperature around 
500°C, which gives a conversion rate of around 

15% to 25%. Iron is the main catalyst; other 
chemicals are added to improve performance 
(promoters). Commonly used promoters are 

aluminium oxide, zirconium oxide and potassium 

oxide. 
@ The manufacture of nitric acid is achieved by the 

catalytic oxidation of ammonia: 

4NH,(g) + 503(g) > 4NO(g) + 6H,O0(g) 
2NO(g) + O2(g) =2NO,(g) 
3NO,(g) + H,O(1) = 2HNO,(aq) + NO(g) 

Air containing about 10% ammonia, at around 
230°C and 900kPa (9 atm), is passed through a 
metal gauze made of platinum (about 90%) and 

rhodium (about 10%). 
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The chlor-alkali industry 

84.1 What is the chlor-alkali 

industry? 

This is the name given to a group of three related 
industries that produce chlorine, sodium hydroxide and 
sodium carbonate. These three chemicals are used in 
huge quantities in a vast number of different chemical 
processes, some of which are shown in Table 84.1. In 
industry, sodium carbonate is known as soda ash. 
Chlorine and sodium hydroxide are made from the 
electrolysis of sodium chloride. The way that soda ash is 
obtained depends on where in the world the chemical 
plant is to be set up. In some areas, especially in the 
USA, there are huge deposits of a mineral called trona. 
This is a mixed carbonate and hydrogencarbonate of 
sodium: Na,CO,-NaHCO,-2H,0. It can be completely 
converted into the carbonate by heating, and after some 
purification it is ready for use. In Europe where there 
are no major supplies of trona, soda ash is made by the 
ammonia—soda process, also known as the Solvay pro- 
cess. We shall now look in greater detail at how the 
three major chlor-alkali chemicals are made. 

84.2 The production of chlorine and 
sodium hydroxide 

Chlorine and sodium hydroxide are both made by the 
electrolysis of brine (salt water). There are three 
methods in large-scale use. We shall deal with each of 
them in turn. The initial stage is to obtain sodium 
chloride from deposits of rock salt. Rock salt can be 
mined directly, but more often water is pumped into 
the deposits, and the salt removed as brine. The result- 
ing solution can be purified (see question 84.2). If solid 
sodium chloride is wanted, it can be produced by 
crystallising it out from the solution. 

(a) The mercury cell 

Brine is continuously passed into a cell that has graphite 
anodes and a moving layer of mercury as the cathode 
(Figure 84.1). As usual, chloride ions are discharged in 
preference to the hydroxide ions in water. However, in 
this cell sodium ions are discharged in preference to 
water or hydrogen ions owing to the use of mercury as 
the cathode rather than another material. Sodium actu- 
ally reacts with the mercury, making an amalgam. The 
amalgam travels with unused mercury out of the cell 
into a chamber containing water. It is at this stage that 
sodium hydroxide is produced: 

Table 84.1. The uses of chlorine, sodium hydroxide and sodium carbonate (soda ash) 
in the UK* 

Chlorine Sodium hydroxide Soda ash 

Used in Percentage Used in Percentage Used in Percentage 
of total of total of total 

Solvents 22 Inorganic chemicals 21 Glass containers 34 

PVC 18 Organic chemicals 7 Sodium phosphate 1, 

Paper products if Paper products 14 Other glass products 11 

Chloromethanes 10 Aluminium industry 7 Alkaline cleaners 5 

Inorganic chemicals 8 Soap Paper products 4 

“Table adapted from: Heaton, C. A. (ed.) (1986). The Chemical Industry, Blackie, Glasgow, table 3.2, 
Da 132 
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Figure 84.1 The mercury cell method for making sodium 
hydroxide and chlorine. (a) The mercury cell where sodium 
amalgam and chlorine are made. (b) The soda cell where 
sodium hydroxide is made from the sodium amalgam 

2NaHg + 2H,O(1) > 
2Na* (aq) + 20H (aq) + 2Hg(1) + H2(g) 

The chlorine given by the anode reaction: 

2Cl (aq) 

is not completely pure owing to it being mixed with 
oxygen and water vapour. The latter can be removed by 
drying the gas with concentrated sulphuric acid. Once 
this is done, the chlorine is liquefied under pressure and 
sold. Alternatively, in some cases, the chlorine can be 
taken from the cell and reacted with hydrogen to make 
hydrogen chloride. This is absorbed in water and the 
resulting hydrochloric acid sold. 

The use of mércury cells has declined rapidly. This is 
because of the damage that mercury, and some of its 
compounds, can cause if they escape into the environ- 
ment. The amount of mercury escaping into the atmo- 
sphere around a mercury cell plant is always carefully 
controlled, but almost inevitably some mercury enters 
the sodium hydroxide solution or is lost in effluent. This 
happens very easily if the water used in the process 
contains organic matter. Mercury reacts with many 

organic molecules and it is now established that organo- 
mercury compounds find their way into the food chain 
of animals. In Japan, mercury cell plants have been 
banned by law. This was one consequence of the deaths 
or severe illness of over 120 fishermen and members of 

—2e —CL(g) 

their families between 1953 and 1960 at Minamata Bay. 
The people were poisoned by eating fish and other sea- 

. food that had accumulated large amounts of mercury in 
their bodies. The sea in the area was badly contami- 
nated with mercury compounds, although from a 
plastics factory rather than a mercury cell plant. 

(b) The diaphragm cell 

In a diaphragm cell the anode and cathode are 
separated in two compartments by a diaphragm made 
of asbestos. The anode is made from titanium, 
sometimes with a coating of platinum, and the cathode 
is made from steel. In Figure 84.2 you can see two 
diagrams. The first is simplified so that you can under- 
stand the purpose of the diaphragm; the second gives a 
more realistic impression of the construction of the cell. 

In the anode compartment chlorine is given off 
through the reaction: 

2Cl- (aq) — 2e7 > Cl, (g) 

At the cathode hydrogen is discharged: 

2H,O(1) + 2e- > 20H (aq) + H,(g) 

As the discharge equation shows, hydroxide ions are 
released and therefore the solution becomes increas- 
ingly alkaline. (Also, see the answer to question 72.4.) 
The overall result is that the brine loses its chloride ions 
and becomes richer in hydroxide ions. We are left with 
a solution of sodium hydroxide. At least we should be; 
but life is not that simple. Several things can go wrong. 
First, chlorine reacts with hydroxide ions. In the cold, 
chlorate(1) (hypochlorite) ions are produced: 

Cl,(g) + 20H (aq) > OCI (aq) + Cl (aq) + H,O(1) 

Secondly, if hydroxide ions reach the anode, they can 
be discharged. If this happens, oxygen is given off, 
which contaminates the chlorine and makes the isola- 
tion of pure chlorine more difficult. 

To avoid these problems, the brine in the anode com- 
partment is kept at a slightly higher pressure than in the 
cathode compartment. This makes it less likely that the 
solution around the cathode will reach the anode. The 
asbestos membrane keeps the two solutions apart while 
allowing ions to move between them, thus keeping the 
current flowing. The sodium hydroxide solution drawn 
off from the cathode compartment contains a large 
amount of salt. The solution is partially evaporated and 

allowed to cool. Owing to its lower solubility, sodium 

chloride crystallises first. The liquid left contains about 

50% sodium hydroxide by weight, together with a little 

sodium chloride. 
A variation on the diaphragm cell is the membrane 

cell. Here, in place of asbestos, an ion exchange material 
~ is used. The idea is to allow only sodium ions to move 

between the compartments. In theory this should stop 

the chlorine reacting with hydroxide ions, and hydrox- 

ide ions being discharged at the cathode. However, in 
practice it is very difficult to obtain perfect operation of 
the ion exchange membrane. 
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84.1 There is a by-product of the mercury cell, 
which we have not mentioned, but which can be sold 
to help increase the profitability of the process. What 
is it? 

84.2 Two stages that can be used in purifying brine 
are: (i) adding barium salts, (ii) adding sodium car- 
bonate. Which ions are removed by these means? 
(Hint: you are looking for ions that give precipitates.) 
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Figure 84.2 (a) The basis of the diaphragm cell for making 
sodium hydroxide and chlorine. Sodium ions can pass 
through the diaphragm into the cathode compartment. There 
they mix with hydroxide ions, which remain from the 
decomposition of water. The liquid level in the anode com- 
partment is greater than in the cathode compartment. This 
keeps the direction of flow of liquid in the direction anode to 
cathode. (b) How the anode and cathode compartments are 
arranged in a diaphragm cell. Notice that the level of brine in 
the anode compartment is higher than in the cathode com- 
partments. The cathode compartments are similar to one 
another. Only one has an outlet for hydrogen shown. (Adap- 
ted from: Thompson, R. (ed.) (1977). The Modern inorganic 
Chemicals Industry, The Chemical Society, London, figure 3, 
p. 119) 

84.3 The ammonia-soda (Solvay) 
process 

It is possible to summarise the manufacture of sodium 
carbonate in the equation 

CaCO,(s) + 2NaCl(s) > Na,CO,(s) + CaCl, (s) 

The equation says that calcium carbonate, i.e. lime- 
stone, will react with sodium chloride to make sodium 
carbonate and calcium chloride. The problem with this 
equation is that it cannot be carried out in practice. 
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Figure 84.3 (a) The Solvay process. (Diagram taken from: Heaton, C. A. (1986). The Chemical Industry, Blackie, 

Glasgow, figure 3.5.) (b) Key stages in the ammonia—soda process 

Limestone and sodium chloride are the starting 
materials, but a somewhat tortuous route is taken to 
produce sodium carbonate. The main stages are sum- 
marised in Figure 84.3. Here are brief details of them. 

(a) Roasting of limestone 

The limestone is mixed with coke and heated in kilns, 
through which a supply of air passes. The limestone 
gives off carbon dioxide, and calcium oxide (lime) 
remains: 

CaCO,(s) > CaO(s) + CO3(g) 

The purpose of the coke and air is to generate energy as 
well as more carbon dioxide through the reaction 

C(s) + O2(8) > CO2(8) 

(b) Production of brine 

Saturated brine is obtained by dissolving salt in water. 
Before it can be used it has to be freed of calcium and 
magnesium ions. These two ions can cause precipitates 

to be made, which have the same effect as the furring 
up of boiler pipes by hard water, i.e. magnesium and 
calcium carbonates can be deposited. This is prevented 
by adding carbonate and hydroxide ions to the brine. 

(c) Saturation of brine with ammonia 

The brine is passed down a tower through which 
ammonia is passed. This saturates the brine with 

ammonia. 
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(d) Reaction with carbon dioxide 

The solution containing brine and ammonia now passes 
down another series of towers (Solvay.towers), against 
an upward moving current of carbon dioxide. The com- 
bination of the chemicals in the solution brings about a 
set of reactions, which we can summarise in the 
equation: 

NaCl(aq) + CO,(g) + NH,(aq) + H,O(1) > 

NH,Cl(aq) + NaHCO, (s) 

At intervals of around 1m up the tower are perforated 
metal plates. The descending solution coats the plates 
and carbon dioxide forces its way through the holes into 
the solution. Particles of solid sodium hydrogencar- 
bonate and solution drop down to the bottom of the 
tower through slits at the edges of the plates. The moist 
hydrogencarbonate is drawn off as a creamy liquid and 
passed to the final stage. 

Unfortunately, sodium hydrogencarbonate crystals 
gradually block the towers, making the process ineffi- 
cient. Normally the towers run for about four days 
before they have to be shut down and cleaned. 

(e) Recovery of sodium carbonate 

Finally, the sodium hydrogencarbonate is heated in 
rotary driers to convert it into sodium carbonate: 

2NaHCO,(s) > Na,CO,(s) + H,O(g) + CO,(g) 

There are many interesting facets to the ammonia—soda 
process. One is the use that is made of recycled 
ammonia and carbon dioxide. For example, (i) carbon 
dioxide from the final heating of the sodium hydro- 
gencarbonate is recycled to the carbon dioxide absorp- 
tion towers; (ii) ammonium choride is converted into 
ammonia for re-use by reacting it with calcium hydrox- 
ide made from the lime kilns: 

CaO(s) + H,O(1) > Ca(OH), (aq) 
Ca(OH),(aq) + 2NH,Cl(aq) > 

CaCl, (aq) + 2H,O(1) + 2NH,(g) 

The temperature of the various stages has to be care- 
fully controlled. For example, in the Solvay towers the 
reactions that take place are exothermic; but if the 
temperature rises too far, the reverse reaction takes 
place at a significant rate, regenerating sodium chloride. 
For this reason, the Solvay tower has a water cooling 
system built into it. 
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84.3 A student suggested that it was to be expected 
that solid calcium carbonate and sodium chloride 
would be unlikely to react, but the reaction would be 
more likely to take place if it were done in solution. 
Was the student correct? 

84.4 What precipitates are made by calcium and 
magnesium ions in the production of brine? 

84.5 In theory, how much ammonia is used up in the 
ammonia-—soda process? How do you think this com- 
pares with practice? 

84.6 Where might the ammonia come from? 

84.7 What is the major, unwanted, by-product of the 
process? 

Answers 

84.1 Hydrogen gas. 

84.2 Barium ions remove’ sulphate ions, and sodium 
carbonate precipitates calcium ions as_ calcium 
carbonate: 

Ba** (aq) + SO,? (aq) BaSO,(s) 
Ca?* (aq) + CO,? (aq) CaCO,(s) 

84.3 The student was correct in one respect: solids do 
not often react easily together. (However, explosives 
manage this feat only too well!) On the other hand, it 
would be pointless trying this reaction in solution: cal- 
cium carbonate is insoluble in water. 

84.4 Calcium and magnesium carbonates are possible 
(these are also made when hard water is boiled), as is 
magnesium hydroxide. 

84.5 None; but in practice there are always losses 
owing to the gas being so soluble in the solutions used. 

84.6 The Haber process. 

84.7 Calcium chloride. There is no appreciable market 
for this chemical. 



UNIT 84 SUMMARY 

a 

sodium carbonate. The process is summarised in @ The production of chlorine and sodium hydroxide is 
the equation done by the electrolysis of brine in two types of 

cr CaCO,(s) + 2NaCl(s) > Na,CO,(s) + CaCl,(s) 
(i) The mercury cell 

The change takes place in five stages: 
cathode 2NaHg(s) + 2H,O(1) > i) Roasting of limes a tone. 

2Na* (aq) * OH (aq) + 2Hg(1) + (8) . Recadteitn of brine. 
anode 2CI (aq) — 2e° > CL(g) (iii) Saturation of brine with ammonia. 

) (ii) The diaphragm cell Reaction with carbon dioxide 

anode 2Cl (aq) —2e —Cl,(g) NaCl(a 
Hi ‘f é q) + CO,(g) + NH; (aq) + H,O(1) > 

cathode 2H ‘(aq) +2e —H,(g) NH, Cl(aq) + NaHCO,(s) 

@ In both cells, a solution of sodium hydroxide (v) Recovery of sodium carbonate 

remains, and is separated. 

e@ The ammonia-—soda process is used to manufacture 2NaHCO,(s) > Na,CO;(s) + H,O(g) + CO,(g) 
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The extraction of metals 

85.1 The methods of extraction 

There are four main ways in which metals are extracted 
from their ores (Table 85.1). The simplest, which is far 
from typical, occurs for only a few metals such as gold 
and platinum. These unreactive elements can be found 
in the ground uncombined with other elements. Hence 
the occurrence of gold mines in some areas of the 
world, especially southern Africa. 

The second method removes the metals from their 
sulphide ores by a combination of roasting to turn them 
into oxides, followed by reduction by carbon. This is a 
method used for a number of the transition elements 
and, especially, the B metals such as zinc, lead and 
mercury. 

Thirdly, we have metals that occur chiefly as oxides. 
Extraction here relies on the oxide being reduced by 
carbon. The extraction of iron is the most famous 
example. 

Finally, we have the most reactive elements in 
Groups I, II and If. The problem with these metals is 
that their compounds (often chlorides or oxides) are 
extremely hard to break down by chemical means. Here 
the extraction is done by electrolysis. 

In many cases there is more than one method that 
could be used. The choice made will depend on a num- 
ber of factors, but the economics of the different proces- 
ses will usually decide the issue. For example, where 

Table 85.1. Methods of extraction of the metals 

Method Type of metal 

Noble metals such as silver, gold 
and platinum 

Mining the pure metal 

Some transition metals, but espe- 

cially the B metals 
Roasting the sulphide, 

and reduction of the 
oxide 

Some transition metals, especially 
iron 

Reduction of the oxide 

Electrolysis of molten Reactive elements of Groups I, II 
solid and III, e.g. sodium, magnesium 

and aluminium 
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there is a relatively cheap supply of electricity, an 
electrolytic method may be favoured over a chemical 
method of reduction. Where electricity is expensive, the 
chemical method may win. 

In the next four sections we shall briefly review these 
four methods of extraction. 

Before we go into the detail of some of the processes, 
you should realise that none of the methods of extrac- 
tion are without cdst. This does not mean just an econ- 
omic cost; there are human and environmental costs as 
well. Any type of mining is dangerous, but the record of 
accidents in gold mines in South Africa is far worse than 
it should be. Many men have died in the mines. The 
roasting of sulphide ores produces sulphur dioxide. For 
many years there were few controls on the amount of 
this highly acidic gas that could be allowed to escape 
into the atmosphere. Many countries have now intro- 
duced tight regulations aimed at preventing this source 
of pollution. However, safety and the equipment 
necessary for reducing sulphur dioxide emissions are 
expensive. We should not be surprised if we have to pay 
more for metals in the future. 

85.2 Extracting the noble metals 

On the face of it the method is simple: dig a hole and 
take out the lumps of metal. This is what a gold mine is 
for. Unfortunately, the chances of finding large pieces of - 
gold (nuggets) are extremely small. Rather the gold is 
present as tiny fragments mixed in with large quantities 
of other material. The solids removed from the mine are 
milled to a powder, and then the gold is recovered by a 
flotation method, or by a large-scale variation of the 
traditional panning method. Panning is the method 
used by gold prospectors. The mixture of earth and rock 
suspected of containing gold is swilled with water. 
Owing to the greater density of the gold particles, they 
tend to lie on the bottom of the pan, while the other 
solid particles are washed away. Sometimes chemical 
methods are also used to remove gold. For example, in 
the presence of oxygen, gold will give a soluble complex 
cyanide, Au(CN),~, with cyanide ions. After separation, 
the solution of the complex will deposit gold if zinc is 



added to it. The final stage in gold refining is to melt the 

metal and cast it into ingots. The ingots are sold on the 
open market, or hoarded by governments to prove how 

wealthy their countries are. 

85.3 Reducing sulphide ores 

The techniques used in the extractions depend on a 

number of factors, especially thermodynamic ones. We 

shall take the extraction of mercury, zinc, lead, copper 

and nickel as examples. Their sulphide ores are listed in 

Table 85.2. 

Table 85.2. Some sulphide ores 

Metal Ore 

Copper Copper pyrites, CuFeS, (also known as fool’s 
gold); chalcocite, Cu,$; covellite, CuS 

Lead Galena, PbS 
Mercury Cinnabar, HgS 
Nickel Pentlandite, FesNigSy6 
Zinc Zinc blende, ZnS 

The treatment of sulphide ores tends to follow a 

similar pattern: 

(i) crushing; 
(ii) froth flotation; 

(iii) roasting in air. 

Once the ore is crushed and broken into finer 
particles, the separation of the mineral from the other 
components in the ore is done by froth flotation. In this 
method the impure mineral is mixed with water to 
which a number of other chemicals may be added. The 

mixture is strongly agitated so that it froths. The 

particles of the mineral adhere to the surface of the 
bubbles, which together float to the surface. The bub- 
bles and their mineral coating are removed and the 
mineral allowed to separate. The chemicals added to the 
water act on the interface between the mineral 
particles, water and air. Essentially they are surfactants 
of one type or another. Sometimes the pH of the solu- 
tion has to be adjusted, and ions added that adhere to 
the mineral particles, thereby making them more 
attractive to water molecules. 

Roasting of sulphide ores is done to convert the sul- 
phide into an oxide. To understand the reason from the 
point of view of thermodynamics, you will need to 

understand Ellingham diagrams. In section 50.5 we 

found the conditions at which carbon would reduce a 

metal oxide. The test is whether the free energy change 

for the reaction is negative at a particular temperature. 

An Ellingham diagram allows us to find this out by 

looking at graphs rather than performing calculations. 

Figure 85.1 shows an Ellingham diagram for a number 

of sulphides. 
If we use carbon to reduce a sulphide, we would 

expect to get carbon disulphide, CS,, as the product; if 

we use hydrogen, hydrogen sulphide, H,S, will be the 
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Figure 85.1 The Ellingham diagram for a number of sulphides. 

(Adapted from: Dannatt, C. W. and Ellingham, H. J. T. (1948). 

Disc. Faraday Soc. 126-39) 

product. You can see from the diagram that the line for 

CS, crosses that for CuS at around 500°C. The line for 

H,S only crosses the line for HgS (at about 300°-G)x 

None of the other lines are crossed by CS, or H,S. 

Therefore, the use of carbon or hydrogen is hopeless as 

a method of extracting the other elements. Hence we 

need to convert the sulphides into oxides, which we 

know can be reduced by hydrogen or carbon. 

(a) Mercury 

The efficient roasting of an ore requires the careful 

design of a furnace, and control of the amount of air 

(oxygen) let into it. In the case of mercury the process is 

very simple. This is because the mercury (1!) oxide made 

in the reaction 

2HegS(s) + 30,(g) > 2HgO(s) + 2SO;(g) 

immediately decomposes into mercury (a vapour at the 

temperature of the furnace) and oxygen: 

2HgO(s) > 2Hg(g) + O2(8) 

The final stage in isolating mercury is to condense the 

vapour. 
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(b) Zinc 

Zinc sulphide is separated by flotation, and then roasted 
in the usual way. The sulphide is reduced with coke at 
around 1400°C: 

2ZnS(s) + 30(g) > 2ZnO(s) + 2SO,(g) 
ZnO(s) + C(s) > Zn(s) + CO(g) 

The metal vapour is condensed, and it can be redistilled 
to improve its purity if necessary. Zinc of very high 
purity can also be obtained electrolytically. 

(c) _ Lead 

Impure galena (PbS) is mixed with limestone and 
roasted. This converts the sulphide into lead(m) oxide, 
PbO. The limestone gives bulk to the oxide to make it 
more suitable for the next, reduction, stage: 

2PbS(s) + 30,(g) > 2PbO(s) + 2SO,(g) 

The lumps of oxide are mixed with more limestone and 
reduced with coke at around 900°C in a blast furnace 

like that used for iron: 

PbO(s) + C(s) > Pb(1) + CO(g) 

The molten lead can be run off at the bottom of the 
furnace, as can the slag made from the limestone and 
silicates in the original ore. 

It is one of the features of lead made in this way that 
it contains a number of metallic impurities, especially 
copper, arsenic, antimony, bismuth, tin, silver and gold. 
It can be economic to remove the impurities, either for 
their own intrinsic value, or because lead of high purity 
is in demand. 

(d) Copper 

Unlike lead sulphide, which is completely converted 
into an oxide, after flotation copper pyrites is roasted 
only to the extent necessary to convert the iron content 
into an oxide: 

2CuFeS,(s) + 40,(g) > Cu,S(s) + 2FeO(s) + 3SO,(g) 

The mixture of Cu,S and FeO is mixed with sand and 
roasted again. This removes the iron as liquid slag, and 
the Cu,S (together with some FeS) is left as a molten 
mass. 

The next stage is to run it off into another converter, 
add more sand, and then blast air through it. Some of 
the sulphide is converted into copper(I) oxide, Cu,O. 
The main reaction liberating the copper is 

Cu,S(s) + 2Cu,0(s) > 6Cu(s) + SO,(g) 

Owing to its nobbly look the product is known as blister 
copper. In order to obtain pure copper the blister copper 
can be used as the anode in an electrolysis cell, using 
copper(II) sulphate solution as the electrolyte. Look at 
section 72.3 to see how this works. 

(e) Nickel 

After the sulphide ore is concentrated it is roasted with 
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silica. This removes much of the iron as a slag. The 
remaining mixture of iron and nickel oxides is reduced 
with water gas (see section 90.2). The next stage is a 
novel one: carbon monoxide is passed over the impure 
nickel at about 60°C and nickel carbonyl, Ni(CO),, is 
produced. The carbonyl is volatile and after it is 
removed from the reaction chamber it is heated to well 
above 100°C when it promptly decomposes into nickel 
and carbon monoxide. The nickel produced in this way 
is of high purity. The added advantage is that the carbon 
monoxide can be recycled. 

85.1 Is the reason for the lack of reducing power of 
carbon when it converts into CS, that AG for the 
reaction C + 2S CS, is too negative or too positive? 

85.2 (i) Calculate the free energy changes for these 
reactions: 

2CuS(s) + C(s)—> 2Cu(s) + CS, (I) 
2CaS(s) + C(s)—> 2Ca(s) + CS, (I) 
2CuS(s) + 30,(g) > 2CuO(s) + 2SO,(g) 

AG#(CuS) = —49 kJ mol“; AG(CS,) = 63.6 kJ 
mol-!; AG#(CaS) = —1320.5 kJ mol! AG#(CuO) 
= —127.2kJ mol-'; AG%(SO,) = —300.4 kJ mol-". 

(ii) Which of them are spontaneous under standard 
conditions? 

(iii) What do you notice about the value of AG?(CS,) 
compared to AG?(SO.)? 

(iv) Why are the reactions not carried out at standard 
conditions? 

85.4 Reducing an oxide ore 

The most important example of the reduction of an 
oxide ore is in the extraction of iron. The chief iron ore 
is haematite, Fe,O;. Reduction of the ore takes place in 
a blast furnace (Figure 85.2), which is often about 30m 
high and 8m in diameter at its widest point. The 
furnace is charged with a mixture of limestone, coke 
and iron ore. Air is introduced under pressure near the 
bottom of the furnace, where the coke combines with 
the oxygen to make carbon monoxide. This is an 
exothermic process, which helps to provide energy to 
keep the furnace going. Temperatures around 1500 to 
2000°C are reached. It is the carbon monoxide that 
plays the largest part in the reduction of the ore, which 
takes place towards the top of the furnace: 

Fe,03(s) + 3CO(g) > 2Fe(1) + 3CO,(g) 

The reason for adding the limestone to the furnace | 
charge is that the carbonate decomposes to give calcium 
oxide. This highly basic material reacts with parts of the 
ore that contain silica, to give calcium silicate. This sili- 
cate is the chief component of the molten slag that is 
tapped off near the bottom of the furnace: 
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Figure 85.2 The basic design of a blast furnace for extracting 
iron from iron ore 

CaO(s) + SiO,(s) > CaSiO; (1) 

The liquid iron run off at the bottom can be cast into 

moulds called pigs; hence the term pig iron. It is not 

particularly useful because it contains a great many 

impurities. Given the importance of steel in industries 

such as car manufacture, the bulk of the molten iron is 

turned into steel. 
The most common method of making steel now is to 

blast oxygen through the impure molten iron. The 
oxygen oxidises impurities such as carbon and phos- 
phorus to oxides, which escape from the melt either as 

gases or by being absorbed into slag. There are many 

qualities of steel, each having a different set of charac- 
teristics to the others. It is the amount of carbon mixed 
with the iron that largely determines the nature of the 
steel, e.g. its tensile strength and malleability. Small 
amounts of other substances, such as manganese, can 
also be added to give desirable qualities. 

Once the steel making industry employed hundreds 
of thousands of workers in Europe. Now the number is 
measured in tens of thousands. Like many industries, 
steel making has become highly automated. 

85.3 It is possible to identify an ‘iron cycle’ of the 

same kind as a water or nitrogen cycle. Suggest 

some stages in the cycle. 

85.5 The extraction of reactive 

metals 

We shall look at two processes. The first is for the 
extraction of sodium and the second is for the extrac- 

tion of aluminium. 

(a) The Downs process for the extraction of 
sodium from sodium chloride 

The electrolysis is carried out in a Downs cell. The 
sodium chloride is mixed with calcium chloride in a 
ratio of about 2 to 3. The melting point of the mixture is 
about 600°C (around 200°C lower than that of pure 
sodium chloride). A diagram of the Downs cell is shown 

in Figure 85.3. 
Sodium is discharged at the steel cathode, and 

chlorine released at the graphite anode: 

2C)"—2er > CE 
Nat+e —Na 

at the anode 

at the cathode 

A large current is passed through the cell, but at a low 
voltage. This has the effect of both discharging the 
sodium effectively and heating the mixture so that it 

does not crystallise. 
The sodium collects in inverted troughs above the 

cathode ring, and can be drawn off when necessary. 
The demand for metallic sodium is declining as lead- 
free petrol is becoming more widely used. The reason is 
that sodium is a vital ingredient in making ‘anti-knock’ 
compounds like tetraethyl-lead(iv), Pb(C,H;),. This 
compound is a ready source of free radicals, which aid 
the smooth burning of petrol. (See section 81.4 for 
more information on free radicals.) Until relatively 

Chlorine 
Recharging 
inlet 

Molten 
sodium 

Dw Fire resistant brick 
wall lined with 
steel on the inside 

Steel cathode (—) 

Steel grid 

Steel cathode (—) Graphite anode (+) 

Molten 
mixture of 
sodium and 
calcium chlorides 

Figure 85.3 A Downs cell for extracting sodium from sodium 

chloride. The cell is circular, with the steel cathode making a 

continuous ring around the carbon anode 
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recently nearly 80% of sodium production was used in 
this way. 

(b) The extraction of aluminium from bauxite 

Bauxite is the major ore of aluminium, consisting of up 
to 60% aluminium oxide, Al,O;, commonly known as 
alumina. It is pure alumina that is needed, and the 
unwanted material in the ore has to be removed. Figure 
85.4 outlines the method. It is a process that gives a 
large quantity of waste, and an equally large problem of 
how to deal with it. The waste is a slurry with a mud- 
like consistency and red-brown in colour owing to the 
presence of iron(II) oxide. 

The method makes use of the amphoteric nature of 
aluminium. Aluminium oxide in the ore dissolves in 
sodium hydroxide solution at over 40 atm pressure and 
around 250°C: 

Al,0;(s) + 2OH™ (aq) + 3H,O(1) > 2Al(OH),~ (aq) 
in bauxite 

The resulting solution contains the Al(OH),~ ion, 

Sodium 
hydroxide 
solution 

Bauxite 

DIGESTER 
The bauxite dissolves 
in the NaOH solution 
under pressure 

SETTLING TANK 
Undissolved solids 
removed from the 
solution 

PRECIPITATORS 
Aluminium hydroxide 
added to encourage 
precipitation of the 
solution 

KILN 
Precipitated aluminium 
hydroxide roasted at high 
temperature. Aluminium oxide 
(alumina) is made 

Aluminium oxide ready 
for electrolytic 
extraction of the 
aluminium 

Figure 85.4 Flowchart for the production of aluminium oxide 
(alumina) 
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otherwise known as the aluminate ion, AlO,~ (see sec- 
tion 94.1). In the precipitator a large amount of crystal- 
line Al,O,-3H,O is added. This induces crystallisation of 
the solution, which is effectively the reverse of the first 
reaction: 

2Al(OH),~ (aq) > Al,O,-3H,0(s) + 20H (aq) 
pure 

Once the crystals are dried they are roasted at around 
1000°C to remove the water of crystallisation. The 
result is anhydrous alumina, which is sent on for 
electrolysis, a stage known as smelting. A cell for produc- 
ing aluminium in this way is shown in Figure 85.5. 

The electrolyte during the smelting is a mixture of 
alumina, Al,O,, cryolite, Na,AIF,, and fluorspar, CaF). 
(This mixture was discovered independently in 1886 by 
an American, Charles Hall, and a Frenchman, Paul 
Heroult. Their joint discovery meant that the price of 
aluminium dropped by over 90%. From that time 
aluminium was no longer regarded as a precious metal 
and came into widespread use.) The mixture contains 
less than 5% alumina, and we can think of it as dis- 
solved in a solution made by the other two compounds. 
The temperature of the electrolyte is kept at around 
950° C. This is a huge change from the melting point of 
pure alumina, 2040°C. The reactions that take place in 
the mixture are complicated, but the overall result is the 
reduction of the alumina. We can write the reduction in 
a much simplified way as 

Al’+ + 3e7 > Al 

The carbon anode burns away owing to its reaction 
with oxygen liberated from the alumina. For each 
kilogram of aluminium extracted, over 0.5kg of the 
anodes is burnt away. On the one hand, this is a 
nuisance because it means that the anodes have to be 
replaced from time to time, which adds to the manufac- 
turing costs. On the other hand, the energy released is a 
significant factor in driving the whole process on. 

Molten aluminium is tapped from the smelter and 
kept in a secondary furnace (called the reverbatory 

Removable 
covers 

Alumina 

Molten. 
aluminium 

c 
SN Fw 

Current collector bar 

Figure 85.5 Design of a cell for producing aluminium by the 
electrolysis of alumina. (Source: Kirk, R. E. and Othmer, D. F. 
(1985). Concise Encyclopaedia of Chemical Technology, 
Wiley, New York, p. 77) 



This is the site of an aluminium smelter at Lynemouth in the 

UK. Notice the closeness of the plant to the power station in 

the background. 

One result of the resistance of aluminium to corrosion is the 

ease with which it is recycled. 

] 

furnace) until it is cast into ingots. Aluminium is a valu- 

able commodity owing to the combination of strength it 

can give to alloys together with resistance to corrosion. 

Aluminium alloys are widely used in aircraft, ships, lad- 

ders and, more mundanely, dustbins. The metal also 

finds use in cooking foil and in television aerials. In fact 

aluminium does corrode slightly, giving a layer of 
aluminium oxide on its surface. However, once the 
layer is there it protects the remaining aluminium from 
oxidising any further. 

85.4 In the Downs cell, why are the anodes made 
from graphite rather than steel? 

85.5 If the temperature of the electrolyte in the 
Downs cell increases far above 600°C, the sodium 
dissolves in the molten electrolyte rather than lying on 
top of it. If this happens current still passes through 
the cell, but the electrolysis stops, i.e. production of 
sodium and chlorine ceases. What might be the 
reason for this? (Hint: sodium is a metal.) 

85.6 The power supplied by a current of / amps at a 
voltage V is given by: power =/ x V (units are watts, 
W). 

(i) What is the power supplied to 100 aluminium cells, 
each passing 40 000A at 5V? Give your answer in 
kilowatts, kW (1 kW =1000W). 

(ii) Electricity companies sell electricity by the ‘unit’. 
One ‘unit’ is a kilowatt-hour, kW h. To calculate the 
number of ‘units’, simply multiply the number of watts 
by the number of hours. How many units does the 
smelter use in one day? 

(iii) It needs approximately 15 000 kW h to produce 1 
tonne of aluminium. What mass of aluminium will the 
smelter give each day? 

(iv) Find out the price of a ‘unit’ of electricity used in 
your home. If the company paid the same price as 
you, what would it cost to supply electricity to the 
smelter each day? 

(v) Why is it that companies prefer to site smelters in 
mountainous regions, e.g. in parts of Norway and 
Canada, unless a government induces them to set up 
in another area, perhaps by offering cheap 

electricity? 

(vi) Why might a government offer an inducement 
like this? 

(vii) What other factors would a company take into 
account before deciding on where to site a smelter? 

85.7 If you look at the formulae of cryolite and 
fluorspar you should be able to suggest a dangerous 
by-product that can be made in an aluminium smelter. 
What is it? Why is it so dangerous? 
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Answers 

85.1 It is positive. A reaction that has a positive free 
energy change at a given temperature cannot be spon- 
taneous at that temperature. 

85.2 (i) The free energy changes are, respectively, 
161.6, 2704.6, —502.8, all in kJ mol"’. 

(ii) Only the third is spontaneous. 

(iii) It is positive. This is the reason why the first two 
reactions will not take place. 

(iv) First, the Ellingham diagram shows that the reac- 
tions often become spontaneous at a_ higher 
temperature even if they are not spontaneous at a lower 
temperature. Secondly, the rate of the reactions will be 
faster at a higher temperature. 

85.3 The cycle might be: iron oxides— Fe— iron and 
steel products— rusting— iron oxides. 

Almost 750 million tonnes of iron and steel are made 
in the world each year. Clearly this rate of extraction 
cannot go on for ever; but relatively little attention is paid 
to the virtues of recycling iron and steel products. 

85.4 The chlorine given off will attack hot steel giving 
iron(il) chloride. Carbon is much more resistant to attack 
by chlorine. 

85.5 Sodium conducts electricity very well. Current 
passes directly through the sodium, so the sodium, 
anode and cathode behave almost as if they were one 
length of conducting wire. Charge cannot build up on the 
two electrodes, so electrolysis stops. 

85.6 (i) Power=40 000A x 5V x 100 = 2000 kW. 

(ii) 2000 kW x 24h = 48 000 kW h or units. 
(iii) 1 tonne x 48 000 kW h/15 000 kW h =3.2 tonnes. 
(iv) Using a round number of 10p per unit, the cost is in 
the region of £4800. Actually industry can negotiate 
cheaper prices for electricity than for home use. 

(v) Hydroelectric power stations are often situated in 
mountainous regions. These generate electricity 
relatively cheaply by allowing water falling under gravity 
to turn turbines. The smelters make use of the cheaper 
electricity. 

(vi) A smelter brings employment to an area, not only to 
those working in the plant but also to other people who 
supply goods and services to the plant and workforce. (It 
can help to get politicians elected if they reduce 
unemployment.) 

(vii) Among the more important ones are: (i) close 
access to a port so that bauxite can be imported or 
aluminium exported; (ii) easy access to a good network 
of roads and/or railways so that other raw materials, and 
finished aluminium, can be transported easily to and 
from the smelter; (iii) if the bauxite is being converted 
into alumina at the same site, there must be waste pits 
available where the red mud, and other waste products, 
can be stored. ; 

85.7 Fluoride ions can be discharged at the anode, 
giving fluorine, F,. This is a highly reactive gas, which 
easily reacts with other chemicals. It has been known 
for fluorine and fluorides to escape from smelters and 
cause damage to animal and plant life in the sur- 
rounding area. 

UNIT 85 SUMMARY 

@ Methods of extraction of metals include: 

(i) Direct mining, e.g. of gold. 
(ii) Removal of metals from their sulphide ores 

by a combination of roasting to turn them 
into oxides, followed by reduction by carbon. 

e.g. 2PbS(s) + 30,(g)>2PbO(s) + 2S0,(g) 
galena 

PbO(s) + C(s)—> Pb(l) + CO(g) 

Treatment of sulphide ores follows the 
pattern: crushing, froth flotation, 
roasting in air. 

Reduction of metal oxide ores, often by 
carbon or carbon monoxide. This is especially 
important for iron in the blast furnace. 

Fe,O;(s) + 3CO(g) > 2Fe(l) + 3CO,(g) 
haematite 

(iii == 
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@ The most reactive elements in Groups I, Il and I are 
extracted by electrolysis: 

(i) Aluminium is extracted from bauxite (Al,O;) 
by electrolysis of a molten mixture of Al,O,, 
Na,AIF,, CaF). 

AP*+ +3e-> Al 

(ii) Sodium is extracted by the electrolysis of a 
molten mixture of NaCl and CaCl, in a 
Downs cell. 

Nat +e —Na 
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The oil industry 

86.1 Why is the oil industry 
important? 

The oil industry is important because it is the major 
source of the world’s energy and chemicals. The prod- 
ucts range from petrol and other fuels for transport and 
oil heating systems to polymers and detergents. Millions 
of tonnes of oil are extracted each year and processed in 
refineries and other chemical plants. We could not poss- 
ibly cover all the chemical processes in which oil is 
involved. Instead, we shall concentrate on three of 
them. They all involve the direct treatment of oil and 
the simpler organic compounds that can be made from 

it. 
First, you should know the origin of oil. Essentially it 

is the product of the decay of the bodies of countless 
tiny sea creatures that have been trapped under layers 
of rock (Figure 86.1). Usually the oil is accompanied by 
methane, otherwise known as natural gas. 

There are many areas on the Earth where oil can be 
found. Under land, oil and gas is relatively easy to 
extract, but removing deposits from under the sea poses 
difficult technological problems. New methods of 
extraction have had to be developed in the seas around 
Britain, particularly in the North Sea. Once the oil is 
taken from the wells, it is transported to the refineries. 
This is best done by pipeline, but generally involves 
moving it around the world by massive oil tankers. If 
these tankers are holed in accidents, they invariably 
cause severe problems of pollution. 

Once the oil afrives at the refineries, the interesting 

chemistry begins. 
We have discussed the theory of how, or why, distil- 

lation works in Unit 63. We find in section 111.2 that 

crude oil can be split into a number of fractions ranging 

from tarry substances of very high boiling point to 
gaseous molecules of low boiling point (see Table 
111.2). Some of the fractions have immediate uses, but 
most require further treatment. The demand for the 
different fractions is not uniform, nor do they necess- 
arily contain molecules of exactly the right type. We 

shall look at two examples of how the fractions are 

treated to turn them into substances with more desir- 

able characteristics. 
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Figure 86.1 Two of the many ways in which oil may be found 

trapped underground. The diagram on the right shows oil 

trapped in a fault 

If petrol engines in cars are to work properly, the fuel 

must burn evenly rather than exploding suddenly. If 

the fuel does explode, the engine is said to suffer from 

knocking. This leads to a loss of power, so it is wasteful 

‘of the fuel, and it can cause damage to the engine. The 

octane number of a fuel is a measure of how resistant it is 

to knocking. A fuel with a high octane number will 

cause less knocking than a fuel with a low octane num- 

ber. Experiment shows that aromatic hydrocarbons 
have high octane ratings, as do hydrocarbons with 
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This exploratory oil well being drilled in Nigeria is typical of 
many that are found wherever the existence of oil deposits is 
suspected. 

branched chains, e.g. 2,2,3-trimethylbutane. However, 
there are other criteria that the fuel must meet. In par- 
ticular, it should not evaporate too easily, nor should it 
require more oxygen to burn than can be supplied by 
the air in the pistons. 

Naphtha, which boils between 75 and 190°C, is a 
fraction from oil distillation that has little use in its own 
right. However, much of it can be converted into hydro- 
carbons with a high octane number by a process called 
catalytic re-forming. A fraction of much higher boiling 
point (gas oil), much of which is used for diesel fuel, can 
be changed to hydrocarbons of shorter chain length by 
catalytic cracking. 

86.1 Why should fuel for cars not evaporate too 
easily? 

86.2 Catalytic re-forming 

In catalytic re-forming, naphtha is mixed with hydro- 
gen and passed over a catalyst. A high pressure of up to 
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As the value of oil has increased, it has become economically 
worthwhile to develop oil fields at sea. This offshore platform 
is in the North Sea. 

40 atm is needed, and the gases must be heated to over 
450° C. The catalyst used is often a mixture of platinum 
and aluminium oxide. The reactions that take place 
depend on the type of hydrocarbon in the naphtha. 
Some of them are converted into aromatics, and some 

straight-chain hydrocarbons rearrange into branched- 
chain hydrocarbons. Both these changes give products 
with increased octane numbers. For example, 

CH3CH,CH,CH,CH,CH, ——+ CH,CH,CHCH,CH; 

CH; 

CH,CH,CH,CH,CH,CH,CH, —“- (Ores 4H, 

However, some hydrocarbons split apart giving small 
molecules, which are of no use for petrol. 

There is another variety of re-forming that has 
nothing to do with making petrol, but a lot to do with 
making ammonia. The process is steam re-forming. In this 



The scene of one of the world’s worst oil spillages. The tanker Valdez spilled over ten million tonnes of oil in Prince William 

Sound, Alaska, in March 1989, causing environmental damage from which the area has still not recovered. 

case naphtha, or another hydrocarbon feedstock, is 
reacted with steam at a high temperature over a nickel 
catalyst. Eventually the hydrocarbon yields up its 
hydrogen, which is then used in the Haber process. You 
will find details of the changes that take place in Unit 
83. 

86.2 The conversions that take place in re-forming 
tend to break more carbon—hydrogen bonds than are 
made in the products. Is catalytic re-forming an 
exothermic or endothermic process? 

86.3 Catalytic cracking 

Catalytic cracking takes long-chain hydrocarbons and 
breaks them into smaller ones. The method is to pass 
the hydrocarbons at around 500°C over a catalyst mix- 
ture of silica and aluminium oxide, or of zeolites (see 
section 91.6). The hydrocarbons are in contact with the 
catalyst for a very short time — less than ten seconds. 

The mechanisms of re-forming and cracking are com- 
plicated, but often they involve carbocations, which are 
produced on the catalyst and then rearrange. 

Part of the Shell oil refinery at Ellesmere Port in the UK. The 
central area of the photograph is dominated by the catalytic 
cracker plant. 
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86.3 What might be the reason for the conversion of 
ae 

M5 -- GH CH CH — Gi Cite 

+ 

CHa — Cb —- Ge Cho Ch 

| 
CH; 

(Hint: see Unit 112.) 

86.4 How might the products of the cracking be 
separated? 

86.4 Thermal cracking 

Thermal cracking has been used for many years as a 
way of converting alkanes into alkenes. The cracking is 
done by the apparently simple method of heating the 
alkanes to a high temperature. However, the process is 
not quite so simple in practice. Typically, the alkanes 
are brought to a temperature of around 800° C and then 
rapidly cooled to half that temperature in the space of a 
second. This can only be done by quickly moving the 
gases through tubes heated in a furnace and then into a 
heat exchanger. There is invariably a mixture of dif- 
ferent products, but ethene is the most favoured prod- 
uct. The cracking takes place through a free radical 
mechanism. (See Unit 81 for details of these reactions.) 

Ethene is valuable because it is a key starting material 
for the preparation of a large number of other chemi- 
cals; so too are other alkenes (see Figure 86.2). 

86.5 What is the name we give to the process by 
which a reaction rate is decreased by quickly lowering 
the temperature, or some other method? 

Answers 

86.1 It would be dangerous to fill up on a hot day! Also, 
if the petrol were to vaporise in the fuel lines, a bubble of 
vapour would prevent the fuel flowing properly. 

86.2 It is endothermic. Carbon—hydrogen bonds are 
strong, and require significant amounts of energy to 
break them. This energy is not retrieved by, for example, 
making the x bonds in a double bond. 
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Ethene 

INS 
Ethanol — Ethanal Epoxy- Ethenyl Chloro- Ethyl- Propanal 

ethane ethanoate ethene benzene 

Solvents, Ethanoic Glycol Polymers PVC Styrene,  Propanol, 
ethanal acid polymers propanoic 

acid 

Propene 

Cumene Propan- Epoxy- Propene- _ Propenoic Butanal 
2-ol propane nitrile acid 

Phenol, Solvents, Poly- Polymers _— Polymers Butanol 
propanone propanone urethanes 

1,3-Butadiene 

2-Chlorobuta-1,3-diene Butane-1,4-diol Adiponitrile 

Polymers Polyesters Nylon-6,6 

Figure 86.2 Chemicals that can be made from alkenes. 
(Adapted from: Heaton, C. A. (1984). An Introduction to 
Industrial Chemistry, Leonard Hill, Glasgow, p. 336) 

86.3 The second carbocation is energetically 
stabilised by the presence of the methy! group on the 
carbon carrying the positive charge. 

86.4 Distillation. 

86.5 The reaction is ‘quenched’. 



UNIT 86 SUMMARY 

The oil industry is important because it is the major e@ Steam re-forming reacts naphtha with steam at a 

source of the world’s energy and chemicals. high temperature over a nickel catalyst and 

Oil is the product of the decay of bodies of tiny sea releases hydrogen, which is used in the Haber 

creatures trapped under layers of rock. process. 

Usually oil is accompanied by methane (natural @ Catalytic re-forming converts naphtha (a fraction 

gas). boiling between 75 and 190°C) into hydrocarbons 

Crude oil is split by distillation into fractions ranging with high octane numbers. 

from tarry substances of very high boiling point to @ Thermal cracking can be used to convert alkanes 

gaseous molecules of low boiling point. into alkenes by heating the alkanes to a high 

Catalytic cracking converts gas oil into hydrocarbons temperature. 

of shorter chain length. 
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The laws of thermodynamics 

A.1 What are the laws of 

thermodynamics? 

There are four laws of thermodynamics, and each of 
them is a summary of the accumulated experience of 
many years of work, both experimental and theoretical. 
Like any other scientific law, their value lies in the way 
they provide us with consistent explanations of the 
results of experiments, and the ability to make predic- 
tions. It is possible to live your life without knowing 
anything about them, but on the other hand they can 
give you a different perspective on the world, and its 
future. We shall briefly discuss each of the laws in turn. 
You should look in the units on thermodynamics if you 
want to see how ideas of energy, work, entropy and free 
energy apply to particular chemical reactions and 
processes. 

A.2 The zeroth law 

The zeroth law says that: 

| Two systems each in thermal equilibrium 
with a third will be in thermal equilibrium 
with each other. 

Tied in with this law is our notion of temperature scales 
and thermometers. Suppose you place a thermometer 
in two cans of water and find that they have the same 
temperature. If you now connect the two cans so that 
heat can pass between them you would get a great 
surprise if one of the cans became hotter than the other. 
We do not expect such behaviour because our experi- 
ence tells us that it does not happen. This is what the 
zeroth law says: it summarises experience. 

A.3 The first law 

This is the law of conservation of energy. It says that: 

The amount of energy in an isolated system is 
constant: when one form of energy disap- 
pears, an equal amount of energy in another 
form is produced. 

One of the most important advances in 
thermodynamics was made by Joule when he showed 
that heat and work are two equivalent manifestations 
of energy. Following Einstein’s development of the 
theory of relativity, we now know that mass can also be 
regarded as a variety of energy. 

You might notice that the definition talks about ‘the 
system’. In a specific example in which we apply the 
law, we have to be careful about specifying the system. 
For example, an acid and alkali reacting in a test tube 
releases energy, but if we take the test tube alone as the 
system the law will not hold true: we know that the 
tube and its contents will cool down to room 
temperature over the course of an hour or two. Here 
‘the system’ is not isolated. We would do better if we 
hid the tube and contents in a perfectly sealed and 
insulated container. Then we would have an isolated 
system; but perfect insulation does not exist, so the 
notion of an isolated system is something of a theoreti- 
cal notion. However, in practice, we can come very 

close to achieving it. 
Where the first law gets interesting (and sometimes 

annoying) is when we think about exchanging energy, 

perhaps in the form of work, between a system and its 

surroundings. The reason for the annoyance is that we 

have to define a method of keeping our book keeping 

straight when we calculate the energy changes. The sign 

convention which is always used is this: 

Heat gained by a system is counted as a posi- 
tive number. 

Heat lost by a system is counted as a negative 
number. ; 

Work done by the system is counted as a posi- 
tive number. _ 

Work done on the system is counted as a nega- 
tive number. 
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The combination of the heat change and work done will 
alter the energy of the system, which we call the internal 
energy. We shall use the symbol AE to mean a change in 
internal energy, Aq for a heat change.and Aw for the 
work done. For example, if a system gains 100J, and 
20J of work are done on it, the energy of the system 
will have increased by an amount 120J, ive. 
100 J+ 20J. On the other hand, if 100J are gained, but 
20J of work are done by the system on its surround- 
ings, the net gain will be 80J, i.e. 1OOJ—20J. 

In general the formula that covers these changes, and 
all others, is 

AE= Aqg-— Aw 

We must obey the sign convention if we are to use this 
equation successfully. For example, 

a gain by the system of 100J means that Ag= +100J 

20J of work done on the system means that 
Aw=—20J 

Hence, 

AE=100J—(—20J) =120J 

Incidentally, there are many varieties of work that can 
be done on and by systems. Two of the most common 
are mechanical work (where, for example, an expand- 

ing gas pushes a piston) and electrical work (in this case 
the system might be a chemical cell connected to a 
motor). 

We can write AE= Aq— Aw in a different way. If we 
assume that the work is done by moving a piston back 
against a constant pressure P, then w= PAV, where AV 
is the volume of gas pushed out by the piston. Now we 
have 

AE=Aqg— PAV 

or 

Aq=AE+ PAV 

Aq is now the type of heat change that we called the 
enthalpy change, AH, in the previous text units, i.e. 

AH= AE+ PAV 

In words, this equation says that the enthalpy change is 
the combination of the change in internal energy and 
the work done. One of the important things about 
enthalpy (although we shall not prove it) is that it is a 
thermodynamic function of state. That is, its value 
depends only on the initial and final states of a system, 
not on the route taken between the states. You should 
be familiar with Hess’s law, which relies on this prop- 
erty of enthalpy. 

A.4 The second law 

The second law says that: 

Spontaneous processes in a system can only 
be reversed by supplying work from the 
surroundings. 
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(There are many versions of this law, so you may well 
find a different one in another book.) We have said a 
little about spontaneous changes in section 49.7. Make 
sure that you understand that a spontaneous change is 
one that takes place without us having to do work on it. 
A mechanical example is that a ball will of its own 
accord roll down, but not up, a hill. Such a change is 
spontaneous, and we do not regard it as needing much 
explanation. We are quite used to observing spon- 
taneous changes. However, if we thought we saw a ball — 
travelling up-hill on its own, we would immediately 
seek an explanation: perhaps it is being pulled by a 
thread. Changes like this have to be made to happen by 
doing work on them. In chemistry, many changes are 
spontaneous, e.g. magnesium and acid give off hydro- 
gen as soon as they meet. But some are not; e.g. at room 
temperature and pressure, water does not of its own 
accord split into hydrogen and oxygen. We can make 
water decompose by passing electricity through it. This 
is a non-spontaneous change that is made to happen 
when we do electrical work on the system. 

From the second law it is possible to derive a number 
of conclusions. The first, and most important, is that 
there is a condition that tells us whether a change is 
spontaneous. It is that: 

For a process to be spontaneous, the free 

energy change for the process must be 
negative. 

That is, 

AG=~—ve 

The free energy change is defined as 

AG=AH-— TAS 

where AS is the entropy change in the process. 
We can interpret the entropy of a system as a meas- 

ure of the number of ways its energy is shared between 
the different energy levels available to it, i.e. the num- 
ber of complexions. 

A.5 The third law 

This law is about entropy. It claims that: 

So far it has proved impossible to reach exactly 0K 
(although some experiments have come very close); 
but this has not stopped the law being used. It fixes our 
scale of entropy. It would be wrong to think that there 
is no activity in a perfect crystal at 0 K, even if it has zero 
entropy. Heisenberg’s uncertainty principle (see ques-' 
tion 11.6) tells us that atoms and electrons have some 
energy even at OK. For example, although all the 
electrons would be in their ground states, their energies 
would not be zero, and vibrations of molecules would 
still take place. 
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536 Appendix C 

Table of atomic masses 

In order of atomic number 

Atomic Element Atomic 

number mass 

/g mol"! 

1 Hydrogen 1.0 
2 Helium 4.0 

3 Lithium 6.9 

4 Beryllium 9.0 
5 Boron 10.8 

6 Carbon 12.0 

7 Nitrogen 14.0 

8 Oxygen 16.0 

9 Fluorine 19.0 

10 Neon 20.2 

ll Sodium 23.0 

12 Magnesium 24.3 

13 Aluminium Dad 

14 Silicon 28.1 

15 Phosphorus 31.0 

16 Sulphur 52a 
17 Chlorine 35.5 

18 Argon BD) 
19 Potassium 39.1 

20 Calcium 40.1 

DAI Scandium 45.0 

72 Titanium 47.9 

23 Vanadium 50.9 

24 Chromium 52.0 

Zp) Manganese 54.9 

26 Iron 55.9 

27 Cobalt 58.9 

28 Nickel S87 

XY) Copper 63.5 

30 Zinc 65.4 

Sil Gallium 69.7 

32 Germanium aC 

33 Arsenic 74.9 

34 Selenium 79.0 

35 Bromine 79.9 

In alphabetical order 

Atomic Element Atomic 

number mass 

/g mol! 

89 Actinium 22720 

13 Aluminium DFO) 

51 Antimony. 121.8 
18 Argon 39.9 

33 Arsenic 74.9 

85 Astatine 210.0 

56 Barium 1373) 

4 Beryllium 9.0 
83 Bismuth 209.0 

5 Boron 10.8 

35 Bromine 79.9 

48 Cadmium 112.4 

55 Caesium 13229) 

20 Calcium 40.1 

6 Carbon 12.0 

58 Cerium 140.1 

17 Chlorine 3555 

24 Chromium 52.0 

27 Cobalt 58.9 

29 Copper 63.5 

9 Fluorine 19.0 

87 Francium 223.0 

il Gallium 69.7 

3! Germanium 72.6 

79 Gold 197.0 

72 Hafnium 178.5 

2 Helium 4.0 

1 Hydrogen 1.0 

49 Indium 114.8 

53 Iodine 126.9 

Wil Iridium 192.2 

26 Iron 55.9 

36 Krypton 83.8 



In order of atomic number In alphabetical order 

Atomic Element Atomic Atomic Element 

number mass number 

/g mol"! 

36 Krypton 83.8 57 Lanthanum 
B7/ Rubidium 85.5 82 Lead 

38 Strontium 87.6 3 Lithium 

39 Yttrium 88.9 

40 Zirconium OleZ 12 Magnesium 
2 Manganese 

4l Niobium SAY 80 Mercury 
42 Molybdenum 95.9 42 Molybdenum 
43 Technetium 99.0 

44 Ruthenium 101.1 10 Neon 

45 Rhodium 102.9 93 Neptunium 
28 Nickel 

46 Palladium 106.4 4] Niobium 

47 Silver 107.9 7 Nitrogen 
48 Cadmium 1124 

49 Indium 114.8 76 Osmium 

50 Tin LVS 37 8 Oxygen 

51 Antimony 121.8 46 Palladium 

52 Tellurium 127.6 15 Phosphorus 
53 Iodine 126.9 78 Platinum 

54 Xenon S145 94 Plutonium 

55 Caesium 132.9 84 Polonium 

19 Potassium 

56 Barium IS7e3 91 Protactinium 

57 Lanthanum 138.9 © 

58 Cerium 140.1 88 Radium 

86 Radon 

75 Rhenium 

YP Hafnium 178.5 45 Rhodium 

US Tantalum 181.0 37 Rubidium 

74 Tungsten 183.9 44 Ruthenium 
a5 Rhenium 186.2 

21 Scandium 

76 Osmium 190.2 34 Selenium 

WE Iridium 192.2 14 Silicon 

78 Platinum 195.1 47 Silver 

79 Gold 197.0 11 Sodium 
80 Mercury 200.6 38 Strontium 

16 Sulphur 

81 Thallium 204.4 

82 Lead 207.2 73 Tantalum 

83 Bismuth 209.0 43 Technetium 

84 Polonium 210.0 Sy) Tellurium 

85 Astatine 210.0 81 Thallium 

90 Thorium 

86 Radon 222.0 50 Tin 

87 Francium 22310 DD) Titanium 

88 Radium 226.0 74 Tungsten 
89 Actinium 227.0 

90 Thorium 232.0 92 Uranium 

23 Vanadium 

91 Protactinium 231.0 54 Xenon 

92 Uranium 238.1 

93 Neptunium 239.1 : 39 Yttrium 

94 Plutonium 239.1 30 Zinc 

; 40 Zirconium 

Atomic 

mass 
/g mol! 

138.9 
207.2 

6.9 

24.3 

54.9 

200.6 

a) 

20.2 

259s 

Oil! 

9239 

14.0 

190.2 

16.0 

106.4 

31.0 
VOSEL 

A339). 
210.0 

BOM 

231.0 

226.0 

222.0 
186.2 

102.9 

85.5 
101.1 

45.0 
29.0) 

28.1 

NOW? 

23.0 

87.6 

Syral l 

181.0 
99.0 

127.6 

204.4 

232.0 
118.7 

47.9 

183.9 

238.1 

50.9 

Me I53) 

88.9 

65.4 
OTF2. 

With some exceptions, the lanthanides (atomic numbers between 58 and 71), 

actinides (atomic numbers between 90 and 103) and elements following the 

actinides have been omitted 
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Values of some universal constants 

Appendix D 

Quantity Symbol Value and units 

Avogadro constant IL 6.02210”? mol"! 
Bohr radius ae 5.292109) mi 
Boltzmann constant k 

Electron charge =4 
Electron mass m 

Permittivity of vacuum £9 

Planck constant h 

Proton mass m 

Speed of light in vacuum é 

[eS Sia Ome iene 
1.602107!? C 
9.109 1073! kg 
8.854102 C2 Nene 
6.626X10°*4 Js 
1.673X10°?’ kg 
2.998 10% ms_! 
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Examination questions 

Physical chemistry 

Al 
(a) Explain the meaning and importance of the con- 
cepts, fission, fusion, control and moderator in nuclear 
chemistry. 

(b) Give full radiochemical equations for the following 
processes: 

(i) a fission reaction of 733U producing '2¢Ba and 
33Mo, 

(ii) a fusion reaction of deuterium nuclei (7H) pro- 
ducing 3He, 

(iii) a control reaction using '$B and producing 3Li, 
(iv) the reactions in a breeder reactor which produce 

22, Pudiromi2sU. 

(c) The mass loss in reaction b(i) is 0.213 g for 235 g of 
*33U. Calculate the energy released in units of J mol~'. If 
the relative isotopic masses of 7H, n and 3He are 2.0141, 
1.009 and 3.016 respectively, calculate the ratio of the 
energy released per gram for process b(ii) compared with 
process b(i). 
[Velocity of light = 3.00 x 10° ms~?] 

WJEC 1986 (2) 

A2 
Account for the formation of the line emission spectrum 
of atomic hydrogen. The frequency f of the different lines 
in the Lyman series of the hydrogen spectrum is given by 
the following expression. 

f=cRy(1/1?- 1/n?) 

where c is the speed of light, Ry, is a constant having the 
value of 1.097 xX 10’m~“! and a is an integer. Draw an 
energy level diagram to show the origin of these lines. In 
which part of the electromagnetic spectrum would you 
expect the lines to occur? Calculate 

(a) the frequency of the first line in the Lyman series, 

(b) the ionisation energy of hydrogen. 

How does your value in (b) compare with that given in 
data tables? 

UCLES 1986 (1) (slightly adapted) 

540 Examination questions 

A3 
(a) Write an equation to represent: 

(i) the first ionisation energy, 
(ii) the second ionisation energy of an element X. 

(b) The graph below shows the first and second ionisa- 
tion energies of elements from nitrogen to calcium: 

sisi eeataiues 
[ 3 a = S jo) [o) 

N : Cech eet ee 

7 8 9 101112 13 14 15 16 17 18 19 2 

N O F NeNaMgAISi P S Cl Ar K Ca 

Explain why: 

(i) the second ionisation energy of any element is 
greater than its first ionisation energy; 

(ii) the first ionisation energy of sodium and potas- 
sium is lower than the inert gas immediately 
preceding it; 

(iii) the first ionisation energy of aluminium is lower 
than the first ionisation energy of magnesium; 

(iv) the first ionisation energy of oxygen is lower than. 
that of nitrogen; 

(v) each maximum, A and B, occurs at different 
atomic numbers. 

(c) The ionisation energies/kJ mol~' of an element M 
are: 



Ath. LE. 

25026 

Stig “Melee 2nd. LE. 3rd. TE. 

301 2427 3660 

(i) To which Group of the Periodic Table will M 
belong? 

(ii) Say which element on the graph in (b) above is in 
the same Group of the Periodic Table as M. 

(iii) Write the equation for the reaction of M with 
chlorine. F 

(iv) Write an ionic equation for the reaction of the 
oxide of M with aqueous alkali. 

(v) Explain, using bond diagrams, how the fluoride 
of M forms an addition compound with ammo- 

nia. 

SU 1986 (2) 

A4 
Explain, by means of diagrams, what you understand by 
the following terms as they apply to the shapes of 
covalent molecules. 

(a) Triangular planar 

(b) Triangular pyramidal 

(c) Tetrahedral 

(d) Octahedral 

By referring to the appropriate theory, explain why 

(e) BeCl, is a linear molecule whereas H,O is bent, . 

(f) NH, is triangular pyramidal whereas BCL, is triangu- 
lar planar, 

(g) the bond angle in NH; is less than that in CH,, 

(h) the molecule of CO, has no dipole moment whereas 
the molecule of SO, possesses one. 

ULSEB Winter 1983 (3) 

A5 
The two liquids trichloromethane and ethoxyethane, 
(C,H,),0, when mixed, form intermolecular hydrogen 
bonds. This question is about an experiment to deter- 
mine the strength of these hydrogen bonds. 
The following data will be useful: 

Relative Specific Vapour 
molecular heat Boiling pressure 

mass capacity point at 20°C 
Trichloromethane 119.4 O98 Ji geek. .622C) 157 mmHe 
Ethoxyethane 74.1 2.28Jg 1K"! 35°C 447mmHg 

(a) Draw graphical formulae showing all atoms and 
bonds for trichloromethane and ethoxyethane. 

(b) Draw a diagram to show the trichloromethane 
molecule hydrogen-bonded to the ethoxyethane mole- 
cule. 

(c) Inthe experiment 0.05 mol of trichloromethane was 
weighed into a calorimeter. 0.30 mol of ethoxyethane 
was weighed into a similar calorimeter. When the 
temperatures of both liquids had equalized, the liquids 
were mixed and a temperature rise of 5.4°C was 
recorded. 

You may assume that the heat capacity of the 
calorimeter is negligible, and that the specific heat 
capacity of each liquid is unaltered in this mixture. 

(i) Calculate the heat change in this experiment. 
(ii) Hence calculate a value for the enthalpy change 

on mixing 1 mole of trichloromethane with 
excess ethoxyethane. 

(iii) What does this result suggest about the strength 
of the hydrogen bond relative to most other 
chemical bonds? 

(d) (i) Assuming the mixture obeyed Raoult’s Law, 
calculate the vapour pressure (at 20°C) of the 
mixture in this experiment. 

(ii) Would you expect the actual vapour pressure of 
the mixture to be greater or less than your 
answer to (d) (i)? Justify your answer. 

(e) Ethoxyethane can be prepared by reacting sodium 
ethoxide with bromoethane. 

(i) How would you prepare the sodium ethoxide for 
use in this experiment? 

(ii) Write an equation for the reaction between 
sodium ethoxide and bromoethane. 

(f) Ethoxyethane is only sparingly soluble in water. 
Explain briefly how this observation can be accounted 
for in terms of intermolecular forces. 

N 1983 (3) (slightly adapted) 

A6 
What do you understand by the terms (a) relative atomic 

mass, (b) isotope? 
Outline the use of the mass spectrometer in the 

determination of relative atomic masses. 
A liquid L contains 54.5% carbon, 9.1% hydrogen and 

36.4% oxygen by mass. The mass spectrum and the 

infra-red spectrum of L are shown below. Deduce the 

full structural formula of L, explaining your reasoning. 

Mass Spectrum 

S05 LCL GL ELON) Om TOO 00) OL OL.) LL OLS 

20 40 mje 60 80 100 

IR(liquid film) 

T T Ut i | T i T T 74 

3500 3000 2500 2000 1800 1600 1400 1200 1000 800 600 

wavenumber/cm | 

UCLES Winter 1986 (1) 
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A7 

(a) Explain the following terms: 
Atomic number; Mass number 

(b) The relative atomic mass of chlorine is given as 35.5. 
Explain how this fractional value arises. 

(c) Draw a labelled diagram to show the main features 
of a simple mass spectrometer. 

(d) The following is a simplified mass spectrum for 
zirconium. 

yer 

50 co 

TT hg a} 

& 40 ct 
2 H oO 
jes 
oO t 

i 
2 30 

© Ht . 

= } 
w T 

o 20 
oc HHH 

10 aa 

Try ia ia i. 

90 91 92 93 94 

Mass/a.m.u. 

Use these results to obtain a value for the relative atomic 

mass of zirconium. 

(e) When a compound is investigated using a mass 
spectrometer, the changes taking place may be repre- 
sented as follows. 
M—#—_—> M* ———_> Rt + St +Q 

molecule molecular ion fragments 

Explain briefly how these changes occur. 

(f) Below is the mass spectrum for an organic com- 
pound containing carbon, hydrogen and nitrogen only. 

Relative HH 

abundance/ Ht 

arbitrary 

units 

0 10 20 30 40 50 60 

Mass/charge 

(i) Suggest a value for the relative molecular mass of 
the compound, explaining your reasoning. 

542 Examination questions 

(ii) Suggest formulae for the particles shown by the 
peaks in the spectrum 
at Mass/charge = 15 
at Mass/charge = 30. 

ULSEB 1986 (2) 

A8 
(a) Explain in simple terms the principles of nuclear 
magnetic resonance. 

(b) Using ethanal as an example, explain how the — 
presence of adjacent protons causes the splitting of 
absorptions. Describe the splitting pattern you would 
expect for both the methyl and aldehyde protons. 

(c) The nmr spectra below were obtained from two pure 
compounds, P and Q, both of formula C,H,O. Using your 
knowledge of spin-spin splitting, identify the two com- 
pounds and explain the appearance of the various peaks 
in each spectrum. 

8) Soho 
saetaae ar 
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UCLES 1990 (4) 

A9 
(a) Give a short qualitative account of the use of X-rays 
to investigate the structure of crystals. 

(b) Crystals of ammonium chloride have a cubic unit 
cell which contains one NHj{ ion and one Cl” ion. Using 
X-ray diffraction the length of the side of the unit cell was 
found to be 3.87 X 10°§ cm (387 pm). The density of the 
crystalis 1.53 gcm~* (1530kg m7’). Calculate a value for 
the Avogadro constant. 

(c) Sodium chloride and barium oxide have the same 
crystal structure and the interionic distances in the two 
lattices are almost equal. Explain why the melting point 
of barium oxide is much higher than that of sodium 
chloride. 

UODLE 1987 (1) 



Alo 
Calcium fluoride occurs naturally as the mineral fluorite. 

The unit cell of the fluorite crystal structure is shown 

below. 

(a) What is the co-ordination number of the fluoride 
ions, F-, in the structure? 

(b) Deduce the co-ordination number of the calcium 
ions, Ca*t, by considering how they are shared between 
adjacent unit cells, making it clear how you arrived at 

your answer. 

(c) (i) The radius of the calcium ion (0.094 nm) is much 
less than that of the calcium atom (0.197 nm). 
What explanation can you give for this differ- 

ence? 

(ii) The radius of the fluoride ion (0.133 nm) is little 
different from that of the isolated fluorine atom 
(0.135 nm). What explanation can you offer for 

this close similarity? 

(d) Sodium oxide, Na,O, gives a similar X-ray diffraction 
pattern to that given by fluorite. What suggestions can 
you make about the likely crystal structure of Na,O? 

(e) (i) The lattice energy of sodium fluoride (NaF) is 
—918kJ mol™!, while that for calcium fluoride is 
—2630kJmol!. What is the major factor 
involved in accounting for the large difference 
between these values? 

(ii) Would you expect the lattice energy of strontium 
fluoride to be greater or less than that for calcium 
fluoride?) Assume that strontium fluoride also 
has the fluorite structure. Explain your answer 
carefully. 

(f) Why do you think that fluorite occurs naturally in 
rocks, while calcium chloride does not, even though 
chlorine is a more common element than fluorine in the 

Earth’s crust? 

(g) Calcium fluoride is used industrially as a source of 
fluorine compounds, including hydrogen fluoride. How 
can hydrogen fluoride be obtained from calcium 

fluoride? 

N 1985 (3) 

All 

(a) What is meant by the kinetic model of matter? 

(b) Use the kinetic model of matter to explain qualita- 
tively each of the following: 

(i) the diffusion of a gas; 
(ii) the evaporation of a liquid; 
(iii) the melting of a solid. 

(c) State the van der Waals equation for a non-ideal gas 
and explain why real gases do not obey the ideal gas 

equation. 

(d) Ethene reacts with steam in the presence of a 
catalyst to form ethanol according to the equation: 

C,H4(g) + H,O(g) = C2H;0H(g) 
Calculate the total equilibrium pressure at 623 K if there 
is 95% conversion of ethene from an equimolar mixture 
of ethene and steam and the value of K, for the reaction 

at623 Kris: 5:75 Xi0T’ Paes 

AEB Winter 1986 (1) 

Al2 
(a) Use the kinetic theory to explain why gases (i) are 
compressible, (ii) diffuse and (iii) diffuse at different rates 

under similar conditions. 

(b) For an ideal gas it can be shown that pV=3Nm¢? 
where N molecules of gas each of mass m and a mean 
square velocity of ¢?, occupy a volume V at a pressure p. 
Use this equation, and any other stated assumptions you 
may need, to develop: 

(i) the ideal gas equation pV=nRT, 
(ii) an expression for ¢in terms of R, Tand the relative 

molecular mass of the gas M. 

(c) State Graham’s law of diffusion. The time taken fora 

given volume of gas E to effuse through a hole is 75 

seconds. Under identical conditions the same volume of 

a mixture of carbon monoxide and nitrogen (containing 

40% of nitrogen by volume) effused in 70 seconds. 

Calculate: 

(i) the relative molecular mass of E, and 

(ii) the root mean square velocity ¢ (in ms~' units) of 

Fatoc. 
(C=12;N=14; O= 16; R=6314)K * mols) 

SU 1986 (2) 

Al3 
(a) A liquid compound, X, occurring in orange peel, has 

a relative molecular mass of 136.2 and contains carbon 

and hydrogen only. Combustion analysis of X produced 

the following results: 
2.076 g of X gave 6.704 g of carbon dioxide and 2.196 g 

of water. 
Calculate the molecular formula of X. 

(b) When 2.000 g of X were mixed with finely divided 

platinum and agitated at a slightly elevated temperature 

in an atmosphere of hydrogen, it was found that 
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657.8cm’ of hydrogen (corrected to s.t.p.) were 
absorbed. 

(i) How many moles of X were used in this experi- 
ment? 

(ii) How many moles of hydrogen were absorbed? 
(Molar gas volume at s.t.p. is equal to 
22.4dm? mol’). 

(iii) What do you deduce about the structure of X? 
(iv) What mass of bromine would you expect to react 

with 136.2 g of X? 

AEB 1989 (1) 

Al4 

The approximate percentage (weight/volume) of chlorine 
in a sample of household bleach, NaClO (aq), is 10%. An 
accurate determination of this percentage can be made by 
using the following sequence of reactions, the final stage 
C being a volumetric titration: 

A. 2NaClO(aq) + 2H* (aq) 

2Na* (aq) + H,0(1) + 20,(g) + Cl,(g) 
B. ClL(g) +21 (aq) — 2Cl (aq) + L(aq) 

C. I,(aq) + 28,0,7" (aq) > 21 (aq) + $40.7" (aq) 

(a) Calculate the approximate molarity of the household 
bleach. (Cl= 35.5) 

(b) For the titration C, 0.1moldm~’* Na,S,0,(aq) is 
available. Using the equations, decide on the relation- 
ship: 

___cm? bleach = 100 cm? 0.1 mol dm~? Na,S,0,(aq) 
and so calculate a convenient starting volume of bleach 
to use which will give a suitable titre for the volumetric 
apparatus to be used in stage C. For the sequence of 
reactions A, B, and C, 1 moldm~? solutions of ethanoic 
acid and potassium iodide are available together with an 
appropriate indicator. 

(c) Produce a numbered sequence of practical steps by 
which the estimation can be carried out. The instructions 
should be simple yet read like a practical note book and 
say clearly at each step: 

(i) the particular piece of volumetric glassware to be 
used; 

(ii) the measured volume of solution, especially when 
excess of the reagent is required; 

(iii) the directions for the procedure. 

(d) Derive an expression to show how the result can be 
calculated from the titre. 

SU 1985 (1) 

Al5 

The enthalpy of hydration of anhydrous copper(II) 
sulphate is defined as the heat absorbed or evolved, at 
constant pressure, when one mole of anhydrous solid is 
converted to one mole of the crystalline hydrated solid: 

CuSO,(s) + 5H,O(1) = CuSO,.5H,0(s) 

It cannot be measured directly. 
In an experiment to determine the enthalpy of hydration 
indirectly, 4.0 g of anhydrous solid was added to 50.0 g of 
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water and the rise in temperature noted as 8 °C whereas 
when 4.0 g of the hydrated solid was added to 50.0 g of 
water the temperature fell by 1.3°C. In each case the 
known mass of water was measured into a polystyrene 
cup, the solid was added to the water and the mixture 
was stirred continuously with the thermometer until a 
steady temperature was noted. 

(a) Why was it better to use a polystyrene cup than a 
copper calorimeter? 

(b) Give three reasons why the temperature rise of 8 °C 
might be inaccurate. 

(c) (i) Calculate the heat produced by dissolving 4.0 g 
of anhydrous solid in 50.0 g of water. 

(ii) Calculate the enthalpy of solution, in kJmol!, 
of anhydrous copper(II) sulphate. 

(d) Given that the enthalpy of solution of the hydrated 
copper(II) sulphate is +11.3kJmol~!, calculate the 
enthalpy of hydration of the anhydrous solid. 

(e) Comment on the following statements, which may 
be either true or false: 

(i) ‘If the enthalpy change for a reaction is negative 
then that reaction will take place very quickly.’ 

(ii) ‘The C-Cl bond energy is very high, making that 
bond very difficult to break and so compounds 
containing the C-Cl bond are generally unreac- 
tive.’ 

(iii) ‘A catalyst speeds up a chemical reaction by 
making the enthalpy change for the reaction, AH, 
more negative.’ 

[specific heat capacity of water=4.18Jg°'K~"] 

UCLES 1990 AS (2) 

Al6 
The apparatus shown in the diagram was used to find the 
enthalpy change of combustion of propanone, 
CH3COCH:: 

Stirrer 
To water pump 

Burner 
containing 
propanone 

Air supply 



(a) Why would an inadequate supply of air lead to error 

in the results? 

(b) The following information was obtained during the 

experiment: 
Heat capacity of the apparatus= 3.34kJ per °C 
Loss of mass of burner = 2.90g 
Temperature rise =25.3°C 

(i) Calculate the heat (kJ) produced in the experi- 

ment. 

(ii) Calculate the enthalpy change of combustion of 

propanone. 
(Relative molecular mass of propanone = 58) 

(c) Construct a thermochemical cycle to determine the 
enthalpy change of atomization, AH,, of propanone, 
given the following data: 

AH,® propanone(l) =—216.7kJ mol"! 
AH, carbon (graphite)=+715 kJmol™! 
AH,’ hydrogen(g) =+218 kJmol! 
AH, oxygen(g) =+249° kJmol™ 
(The enthalpy change of atomization refers to the 

formation of 1 mole of gaseous atoms of the element 

concerned.) 

(d) Use the average bond energies £ given below to 
calculate another value for the enthalpy change of 
atomization of propanone. 

E (C—C) = + 346kJ mol’ 
E (C—H) = +413kJmol'! 
E (C=O) = +749kJ mol"! 

(e) Comment on the agreement, or disagreement, 
between the two values calculated in (c) and (a). 

N 1984 (3) 

Al7 
(a) State and explain the similarities and differences 
between the crystal structures of sodium chloride and 
caesium chloride, using diagrams where appropriate. 

(b) Some energy data are tabulated below. 
AH®(298K)/ 

Process kJ mol! 
Na(s) > Na(g) +108 

4CL,(g) > Cl(g) +121 
Na(g)— Na*(g) +e7 +496 
Cl(g) +e7 > cl (8) —349 
Ca(g) > Ca?* (g) + 2e7 sp SHS. 

Be corre. +e7 +4941 
Ca?*(g) + 2Cl (g) > CaCl, (s) =2220 
Ca**(g) + 3Cl-(g) > CaCl, (s) —4800 

(estimated) 

NaCl(s) > Na*(g) + Cl (g) +787 
NaCl(s) + water— Na* (aq) + Cl (aq) +4 

Using this information, 

(i) calculate the standard molar enthalpy change for 
the process & 

Na(s) + 2Cl,(g)—> Na*(g) + Cl" (g), 
(ii) explain why CaCl,(s) does not exist but CaCl,(s) 

does, 
(iii) comment on the difference between the values of 

the enthalpy change of lattice breaking of NaCl(s) 
and the enthalpy of solution of NaCl(s) in water 
and define a term which is useful in this context, 

(iv) discuss the processes occurring at the molecular 
level when solid sodium chloride dissolves in 

water. 

(c) State and discuss the general principles which 
govern the extent to which compounds are soluble in 
water. 

WJEC 1990 (2) 

Al8 

(a) Briefly describe experiments (i) to show that the 
reaction 

CH, COOG,H.(1) +H,0(0)= 
CH,COOH(l) + C,H;OH(1) 

is reversible, and (ii) to measure the equilibrium con- 
stant for the reaction at a given temperature. 

(b) 3.875 g of sulphur dioxide dichloride, SO,Cl,, were 
introduced into an empty flask of capacity 1000 cm’. The 
flask was sealed and then heated to 375°C. At equilib- 
rium the vessel contained 0.01775 mol of chlorine, the 
total pressure being 2.30 X 10? Pa. 

SO,Cl,(g) =SO.2(g) + Cl,(g) 
(i) Calculate the mole fraction of each component of 

the equilibrium mixture. 
(ii) Calculate the partial pressure of each component. 
(iii) Calculate a value for K, at 375°C. 

Explain qualitatively the effect of each of the 
following on the position of the above equilib- 

rium: 
(iv) the addition of 0.050 mol of chlorine to the flask, 

and 
(v) the addition of 0.050 mol of argon to the flask. 

AEB 1987 (1) 

Al9 
This question is concerned with the equilibrium reaction 

between ethyl ethanoate and water to form ethanoic 

acid and ethanol. 
CH,COOC,H, (1) + H,O(1) =CH,COOH (1) + C,H, OH (1) 

Compound AHPy93/kJ mol! 
CH,COOC,H, (1) —485.8 
H,O(1) —285.9 
CH,COOH(I) 484.5 
C,H,OH(1) = 277k 

(a) (i) What is the relationship between the standard 

enthalpy change for a chemical reaction and the 

standard enthalpy changes of formation of the 

substances involved in the reaction? 

(ii) Calculate the standard enthalpy change, WH oe? 

for the forward reaction above, including the 

correct sign, and state whether the reaction is 

exothermic or endothermic. (You may wish to 

draw an energy cycle diagram.) 

(b) 8.8g of ethyl ethanoate was mixed with 18.0 cm? of 
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1.0M hydrochloric acid, and the mixture allowed to 
reach equilibrium. Analysis of the equilibrium mixture 
showed that 0.075 mol of ethanoic acid was present. 
(Assume that 1.0cm? of 1.0M hydrochloric acid con- 
tains 1 g of water) (Relative atomic masses: C= 12,H=1, 
O= 16) 

(i) What is the function of the hydrochloric acid? 
(ii) What procedure could be used to determine the 

amount (moles) of ethanoic acid in the equilib- 
rium mixture? 

Write down the expression for the equilibrium 
constant, K., for this equilibrium and use it to 
calculate a value for K,, at 298K, from the 
experimental results. 

(iii) 

(c) The vapour above the liquid equilibrium mixture 
contains a similar chemical equilibrium, but the value of 
K. is different for the vapour phase equilibrium. 

(i) In the vapour phase equilibrium, K.= K,. Explain 
why this is so. 

(ii) Calculate the value of K, for the vapour phase 
equilibrium at 323 K if the value at 298 K is 0.01, 
given the following information: 

1 AH |1 
—]|or lg K, = constant — al | 
if iE 

AH 
In Ke=constant = 

R 2.3R 

R= S31 Ko mole) 
AH® for the vapour phase reaction= + 10kJ 
mol-'. (Assume that this value does not vary with 
temperature.) 

Use your answer to (ii) to predict whether or not 
the hydrolysis of ethyl ethanoate proceeds 
further with increasing temperature. Justify your 
answer. 

(iii) 

N 1985 (3) 

A20 

(a) State the partition law for the distribution of a solute 
between two immiscible solvents. 

(b) The following experimental results were obtained 
for a number of mixtures of ammonia distributed 

between water and 1,1,1-trichloroethane. 

Mixture Total ammonia concentration 

in water in 1,1,l-trichloroethane 

/mol dm~? /mol dm~? 

il 3.89 0.0335 

2 3.24 0.0284 

3 2.61 0.0221 
—— 

(i) Describe how such results could be obtained. You 
should include essential steps in the method, the 
approximate quantities or concentrations of any 
substances used and the safety procedures 
involved. 

(ii) Calculate the ratio of the ammonia concentrations 

in the two solvents for each of the mixtures. 
Comment on the values obtained. 

(c) Explain how partition is involved in chromatog- 
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raphic separation techniques. Illustrate your answer by 
reference to one particular technique giving one exam- 
ple of a mixture that could be separated by this 
technique. 

OCSEB 1990 (3,4,5) 

A21 

The Ellingham diagram for a number of metallic sulphi- 
des is reproduced below. 
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Explain the shape of the graphs and show how possible 
reducing agents and conditions of temperature for the 
production of metals from sulphides can be deduced 
from the diagram. 
In cases where a choice of reagent and conditions is 
possible for producing a metal from its sulphide what 
practical considerations might influence the actual 
choice made by industry? 

N 1979 (2) 

A22 
The phase diagram for water is shown on page 547. It is 
not to scale. 

(a) Which phase exists in 
(i) region A? 

region B? 
region C? 

Line DE has a slightly negative slope. What 
physical property of water results from this? 

(ii) How do the intermolecular forces in water and 
ice give rise to this physical property? 

The three lines in the diagram meet at point D. 
What is this point called? What is its signi- 
ficance? 

(ii) Explain why the temperature corresponding to 
point D is not the usual freezing point of water. 

( 



Pressure 

Temperature 

(d) Ice does not sublime at room temperature and 
atmospheric pressure. Explain, using the phase diagram 
at the beginning of the question if you wish, how ice 
might be made to sublime by changing the conditions. 

ULSEB 1987 (2) 

A23 
This question is about the reaction of iodine with 
potassium hydroxide, which forms potassium iodate(V) 
and potassium iodide. 

31,(s) + 6KOH(aq) > KIO, (aq) + 5KI(aq) + 3H,O(1) 

The stoichiometric amount of iodine was added to 
100cm? of 4.0M potassium hydroxide solution. The 
reaction mixture was warmed until reaction was com- 

plete and was then cooled to 20°C. As the reaction 
mixture cooled, white crystals were precipitated. The 
solubility curves of potassium iodate(V) and potassium 
iodide are given in the diagram above right. 

(a) What mass of solid iodine should be added to 
100 cm? of 4.0M potassium hydroxide? 

(b) How could you tell when the reaction was com- 

plete? 

(c) What mass of potassium iodate(V) and potassium 
_ iodide would be formed by the reaction? 

(Relative atomic masses: H= 1, O= 16, K= 39, I= 127) 

(d) At what temperature would the white crystals start 
to appear as the reaction mixture cooled? Assume no 
water is lost during the reaction. 

(e) What would be the composition of the white crystals 
when the reaction mixture had been cooled to 20° C? 

N 1984 (3) 
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A24 

(a) State Raoult’s Law for ideal solutions. 

(b) State what is meant by the term mole fraction. 

(c) Hexane and heptane form ideal liquid mixtures. 
The vapour pressures of the pure liquids at 50°C are 50 
kNm ~* for hexane, and 20kNm * for heptane. Calculate 
the mole fraction of heptane in the liquid when the mole 
fractions of hexane and heptane in the vapour are equal. 

(d) The graph below shows the equilibrium vapour 
pressures of water and chlorobenzene as a function of 
temperature. Chlorobenzene and water are immiscible 
liquids. 
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(i) From the graph, deduce the boiling point, at 1 
atmosphere pressure (101 kN m~?) of pure chloro- 
benzene, and a mixture of chlorobenzene and 
water. ; 

(ii) Calculate the mole fraction of chlorobenzene in 
the distillate when a mixture of chlorobenzene 
and water is distilled at one atmosphere pressure. 

(iii) Explain briefly the usefulness of the technique of 
steam distillation. 

(e) (i) Define the term partition coefficient when a solute 
C dissolves in a mixture of two immiscible 
solvents A and B. 

(ii) If the partition coefficient of the solute C 
between benzene and water has a value of 4, 

calculate how many times a solution of C in 
100 cm? of water must be extracted with succes- 

sive 100 cm’ portions of pure benzene in order to 
reduce the concentration of C in the water to less 
than 1% of its initial value. 

WJEC 1988 (1) 

A25 
(a) Explain, with the aid of a boiling point-composition 
diagram, why an ideal mixture of two liquids with 
different boiling points can be separated by fractional 
distillation. 

(b) Use the following data to plot a boiling point- 
composition diagram for solutions of cyclohexane in 
methanol. 

Mole fraction of Mole fraction of 
Boiling point of methanol in the methanol in the 

mixture/° C liquid mixture vapour above the mixture 

70 0.12 0.27 

60 0.31 0.47 
DE 0.50 0.56 

Dil, 0.82 0.69 
61 0.94 0.83 

Normal boiling points/° C; cyclohexane, 81; methanol, 
65 

(i) From your graph predict the composition of the 
azeotropic mixture and explain why it cannot be 
separated into pure components by distillation. 

(ii) Discuss what happens when a liquid mixture 
containing 1mol of cyclohexane and 9mol of 
methanol is fractionally distilled. In your discus- 
sion describe how the temperature of the liquid in 
the distillation flask would change with time. 

(c) Explain why, when a small amount of cyclohexane 
is added to methanol, the boiling point is lowered, but 
when a small amount of a solid is dissolved in methanol 
the boiling point is raised. 

JMB 1989 (2B) 

A26 
(a) Explain the term solubility product and write 
expressions for, and the units of the solubility products 
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of, calcium sulphate, aluminium hydroxide and lead 
bromide. 

(b) Discuss each of the following: 

(i) the solubility of silver chloride in water decreases 
when dilute hydrochloric acid is added but 
increases when concentrated hydrochloric acid or 
aqueous ammonia is added; 

(ii) aqueous ammonia can precipitate certain metals 
as their hydroxides but the presence of ammo- 
nium chloride often prevents the precipitation. 

(c) the solubility of strontium hydroxide (Sr(OH),) is 
0.524g in 100 cm? water. Calculate: 

(i) the solubility of strontium hydroxide in water, 
moldm~?; 

(ii) the hydroxide ion concentration (moldm~’) in a 
saturated solution of strontium hydroxide; 

(iii) the solubility product of strontium hydroxide; 
(iv) the approximate solubility of strontium hydrox- 

ide (g dm’) in 1 dm? of 2 x 107! mol dm*? stron- 
tium chloride solution; 

(v) the volume of 1 X 107? mol dm~? potassium chro- 
mate solution which must be added to 1 dm? 
saturated strontium hydroxide solution to pre- 
cipitate’ strontium chromate (SrCrO,). 

(H=1; O=16; Sr=87.6. Solubility product of 
strontium chromate is 3.6 X 10~* mol? dm~°.) 

SU 1985 (1) 

A27 

(a) Describe, giving essential practical details, an experi- 
ment to find the relative molecular mass of a non- 
volatile solute by studying its effect on either the boiling 
point or the freezing point of a solvent. State the 
limitations of the method you describe. 

(b) Use the following data to determine the molecular 
formula of the compound X, which does not associate or 
dissociate in water. 

(i) The boiling point of water was raised by 0.26°C 
when 45 g of X were dissolved in 500 g of water. 
In a separate experiment the boiling point of 
water was raised by 0.39 °C when 9.0 g carbamide 
(urea) (M, = 60) were dissolved in 200 g of water. 

(ii) When the compound X, which contains only 
carbon, hydrogen, and oxygen, was burnt in 
excess oxygen, 0.300g of the compound gave 
0.440 g of carbon dioxide and 0.180 g of water. 

JMB 1988 (2B) 

A28 

(a) The vapour pressure of a solution (P) is equal to the | 
product of the vapour pressure of the pure solvent (Py) 
and its mole fraction. 

(i) Derive the expression: 
Bs i> 

= mole fraction of solute. 
0 



(ii) Explain why the vapour pressure of a solution of 
most solids in a given solvent is less than the 
vapour pressure of the pure solvent. 

(b) An organic solid X was made up into two solutions A 
and B, solution A containing 5.0 g of X in 100 g of water 
and solution B containing 2.3 g of X in 100 g of benzene. 
Both solutions A and B had the same vapour pressure 
(100 570 Pa) at the boiling points of the pure solvents at 
atmospheric pressure (101 300 Pa). Calculate the appa- 
rent relative molecular mass of X in each case and 
suggest a reason for the differing results. You may use a 
simplified form of the above equation. 

(H=1; C=12; O= 16). 

(c) What is a colligative property? Derive and explain 
the approximate ratios of: 

(i) the osmotic pressures of solutions of X, of the 
same concentration (gdm~’*), in water and ben- 
zene; 

(ii) the freezing points of two solutions containing the 
same masses of rhombic and monoclinic sulphur 
in the same volume of toluene. 

(da) Sketch vapour pressure—composition diagrams for 
one of the following mixtures showing the contributions 
made by each component to the total vapour pressure of 
the mixture: 

(i) benzene and methylbenzene; 
(ii) phenylamine (aniline) and water; 
(iii) propanone and trichloromethane. 

(e) Draw a boiling point—composition curve for the 
mixture of nitric acid (boiling point 86°C) and water 
which forms a constant boiling mixture (boiling point 
121°C) containing 68% nitric acid by mass. Explain 
what happens when a mixture containing 30% nitric 
acid is distilled and state the effect of re-distilling the 
distillate collected at 121°C. 

SU 1985 (2) 

A29 
The following table gives the standard electrode poten- 
tials for a number of redox systems. 

REDOX SYSTEM 

I,(aq) +2e =2I (aq) 

Fe?* (aq) + e° = Fe?" (aq) 

O32 (aq) + 14H* (aq) + 6e7° =2Cr’* (aq) + 7H, 0(1) 

Cl, (aq) + 2e7 =2Cl (aq) 

Co?* (aq) +e” =Co?* (aq) 

(a) Define the term standard electrode potential. 

(b) (i) Calculate the e.m.f. of a cell set up between 
systems B and D under standard conditions. 

(ii) State which would be the positive pole of the cell. 
(iii) What would be a suitable material to act as 

electrodes for the two half-cells? 

(iv) Name one instrument which could be used to 
measure the e.m.f. of the cell. 

(v) Using the usual convention, represent schemati- 
cally the cell which would be formed from 
systems B and D. 

(c) Under standard conditions which of the substances 
listed in the above table is 

(i) the strongest oxidising agent? 
(ii) the strongest reducing agent? 

(d) The reaction between acidified dichromate(VI) ions 
(system C) and aqueous iron(II) ions (system B) can be 
used in titrimetric analysis. 

(i) Using the half equations given in the table write 
down the equation for the reaction. 

(ii) Calculate the volume (in cm’) of aqueous potas- 
sium dichromate(VI) solution of concentration 
0.020moldm~?’ required to react exactly with 
30.0 cm? of aqueous iron(II) sulphate of concen- 
tration 0.100 mol dm’. 

(e) The titration between dichromate(VI) ions and iron 
(II) ions can be carried out in the presence of either dilute 
hydrochloric or sulphuric acids. Dilute hydrochloric acid 
cannot be used to acidify the solution for the titration 
between iron(II) ions and manganate(VI) ions (system 
E). Use the information given in the table to suggest a 
reason for this. 

AEB 1988 (2) 

A30 
(a) When a sparingly soluble salt, A,B,, dissolves in 
water, the equilibrium 

A,B,(s) + 1H,O (1) =xA** (aq) + yB’- (aq) 

is established. Provided that some solid is present, it is 
found that the quantity K,, (called the solubility product) 
given by 

K,, = [A**(aq)]* [B’- (aq)]’ 
is a constant at constant temperature. Account for this 
observation. What additional information would you 
need in order to predict the variation of K,, with 
temperature? Explain your answer. 

(b) The electrochemical cell 

Sn(s)|SnCl, (aq, 1.0 M) 1 CuSO, (aq, 1.0M)| Cu(s) 

is set up. Calculate the e.m.f. of this cell at 25°C, using 

the data given below. 
Write the equation for the cell reaction and also the 
equation for the spontaneous reaction which occurs 
when the cell circuit is completed. 

The variation of electrode potential (in volts) with metal 
ion concentration, [M?*], for a metal M such as Sn or Cu 
at 25°C is given by the equation 

Ey = E& + 0.0295 log[M?* (aq) ] 

What will be the effect on the e.m.f. of the cell above of 
decreasing the concentration of Sn** (aq)? Explain your 
answer. 
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(c) Copper(I) iodate(V), Cu(IO;),, is sparingly soluble 
in water. The addition of sodium iodate(V) to the 
compartment containing the copper electrode of the cell 
in (b) above causes a precipitate to form. 

(i) Show that, in the presence of this precipitate, the 
potential, E,,, of the copper electrode can be 
written 

Eo, = Constant — 0.059 log[IO; (aq) ] 

and express the constant in terms of FE, for K,, for 
Gu (1O3)5: 

(ii) The concentration of iodate(V) ions in equilib- 
rium with the precipitate is varied, and the 
potential of the copper electrode is determined at 
25°C with the results given in the table below. 

[105 (aq)]/moll-! | 0.005 | 0.010 | 0.050 | 0.100 | 0.500 

BoulV 0.276 | 0.258 | 0.217 | 0.199 | 0.158 

Plot E,,, as a function of log[IO; (aq)] and use your graph 
to evaluate K,, for copper(II) iodate(V). Use this value of 
K,, to deduce the solubility in moll” of copper(I) 
iodate(V) in water at 25°C. 

Sn?*(aq) +2e°—Sn(s) E°=—0.140V 
Cu?*(aq)+ 2e —Cu(s) EF°= +0.337V 

JMB 1988 (S) 

A3l 

(a) Discuss, with the aid of examples, the interpretation 
of ‘oxidation’ and ‘reduction’ in terms of electron 
transfer. 

What do you understand by the term ‘redox reaction’? 

(b) What do you understand by ‘disproportionation’? 
Give an example of such a reaction. 

(c) Discuss the extent to which a table of standard 

electrode potentials is useful in predicting the course of a 
chemical change. 

(d) An aqueous solution of ammonium vanadate is 
reduced by boiling with zinc powder. The resulting 
solution may be re-oxidized to the vanadate with a 
solution of potassium manganate(VII). Describe experi- 
ments you would carry out, and the subsequent use of 
experimental data, to determine the change in oxidation 
state of the vanadium. 

ULSEB 1984 (3) 

A32 

(a) Balance the following redox equations using the 
principles of either electron transfer or change in oxida- 
tion state (number): 

(i) Ag(s) + NO; (aq) + H*(aq)—> 
Ag* (aq) + NO(g) + H,0(I) 

(ii) Fe(CN)¢ (aq) + Cl,(g)—> Fe(CN)¢ (aq) + 2CI (aq) 

(b) Discuss briefly the electrolysis of each of the follow- 
ing solutions: 
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Electrolyte Cathode | Anode 

Sodium chloride Carbon | Carbon 

Sulphuric acid Platinum 

Copper sulphate Copper 

(c) (i) A current of 3.21 A was passed through fused 
aluminium oxide for 10 minutes. The volume of oxygen 
collected at the anode was 112. cm? measured at s.t.p. 
Calculate the mass of aluminium obtained at the cathode 
and the charge of 1 mole of electrons (the Faraday). 

(O=16; Al=27. Molar volume = 22.4 dm’ at s.t.p.) 

(ii) When the same quantity of electricity was passed 
through the fused chloride of a metal M (relative 
atomic mass = 137.3), the mass of M obtained 
was 1.373 g. Calculate the charge on the cation 
IME 

(iii) The charge on the electron is 1.602 x 107!” 
Coulombs. Calculate a value for the Avogadro 
Number (ZL). 

(iv) The standard electrode potentials of three metals 
X, Y, and Fe are —0.14V, —0-76V and —0.44V 
respectively. Explain which one of X or Y would 
be a more effective protection against the corro- 
sion of iron. 

SU 1985 (2) 

A33 
(a) Explain the concept of the Faraday. 

(b) How long would it take a current of 1 ampere to 
reduce completely 80cm? of 0.1 moldm=* aqueous 
Fe,(SO,)3; to FeSO,? 

(c) (i) Define cell constant. 

(ii) A conductivity cell filled with 0.1 moldm~? 
aqueous KCl gave a resistance’ at 25°C of 
484.0 Q. Calculate the cell constant given that 
the molar conductivity of this KCI solution is 
129.0. O- om? mola. 

(iii) The following data were obtained for aqueous 
solutions of Nal. 

Molar 

Concentration ¢ conductivity 4 
(mol dm~?’) (Q°) cn? mols*) 

0.0005 12515 

0.0010 124.35 

0.0050 121525 

Use a graphical method to determine A® for Nal at 25°C. 

(d) Given the following values of molar conductivities at 
infinite dilution, A®, at 18°C, calculate A* for NH,OH at 
this temperature. 



Ba(OH)3;,A° =457:6 Q-''cm? mol! 
Bach, <A? =240.6 ‘Qc? mol 
NEHECI ) AP = 12976: QO" cm? mol=*. 

Explain the basis of your calculation. 

UODLE 1987 (1) 

A34 
(a) Write out each of the following reactions and 
underline the reactant which is behaving as an acid. 

(i) HSO; + H,O—H,0+ + $O2- 
(ii) HCO; +HSO;—>H,0 + CO, +S02- 
(iii) CH,CO,H + HC1O,— CH,CO,Ht + ClO; 
(iv) H,Ot+OH-—2H,0 

(b) Select ONE of the reactions in (a) and discuss it in 
terms of the Bronsted-Lowry theory. 

(c) By writing TWO equations illustrate the amphoteric 
nature of water. 

(d) The value of K, for ethanoic acid is 1.8 x 107° mol 
dm~*. Calculate: 

(i) the pH of 0.1 M ethanoic acid, 
(ii) the pH of a solution which is 2.0 M with respect to 

ethanoic acid and 1.0M with respect to sodium 

ethanoate. 

(e) Explain briefly why an aqueous solution of iron(II) 

chloride is acidic. 

ULSEB Winter 1988 (2) 

A35 
(a) Calculate the pH of the following at 25°C. 

(i) Aqueous hydrochloric acid of concentration 
0.0500 mol dm~?. 

(ii) Aqueous sodium hydroxide of concentra- 
tion 0.0500 moldm~’. 
(The value of K, at 25°C may be taken as 
L.00 X.10;14 mol? dm:°.) * 

(iii) An aqueous solution produced by mixing 
24.0cm? of the sodium hydroxide in (ii) with 
25.0 cm? of the hydrochloric acid in (i). 

(b) Sketch the variation in pH as a further 1.0 cm? of the 
sodium hydroxide in (ii) is added to the mixture in (iil). 

(c) (i) Explain why a mixture of aqueous sodium 
ethanoate and aqueous ethanoic acid has a pH 
which resists change when contaminated with 
small amounts of acid or alkali. 

(ii) The pH of a solution of aqueous ethanoic acid 
and sodium ethanoate at 25°C is given by 

[salt] | 

[acid] 

Copy and complete the following table for the addition 
of aqueous sodium hydroxide of concentration 

0.10 moldm~? to 25.0cm’ of aqueous ethanoic acid of 
concentration 0.10 moldm~’. 

pH=4.74+ le | 

Volume of NaOH added/cm? 

Sketch the curve of pH (on the vertical scale) against the 
volume of sodium hydroxide added. How does the shape 
of this curve influence the choice of indicator in the 
titration of a weak acid, such as ethanoic acid, with 
aqueous sodium hydroxide? 

AEB 1989 (2) 

A36 
The kinetics of the hydrolysis of the ester methyl 
ethanoate 

CH,CO,CH, (1) #H,0(1)= 
CH,COOH (aq) + CH,0OH (aq) 

may be investigated by measuring the concentration of 
ethanoic acid produced. One such investigation, where 
17.8g of the ester were mixed with 1 cm’ of concen- 
trated hydrochloric acid and sufficient water to raise the 
volume to 1dm? and then kept in a temperature- 
controlled water bath at 35°C, gave the following 
results: 

time concentration of ethanoic acid 

(sO /mol dm ~? 

0 0 

0.36 0.084 

0872, 0.136 

1.08 0.172 

1.44 0.195 

(a) Why was a small amount of hydrochloric acid 

added? 

(b) (i) Calculate the number of moles of ester in 17.8 g. 

(ii) Plot a graph to show how the concentration of 

the ester varies with time. 
(iii) Determine the half-life for the reaction. 

(iv) Determine the order of the reaction with respect 

to the ester and give your reasoning. 

(v) Calculate the initial rate of reaction. 

(vi) Using your value for the initial rate, determine 

the value of the rate constant, k, for this reaction 

ati 355G 

(c). In a second investigation the concentration of the 

hydrochloric acid was doubled and the initial rate was 

found to be 2.33 10-?’moldm~’s~!. Write the rate 

equation for this reaction, assuming that the rate of 

reaction is independent of the amount of water present. 

(d) (i) Why was the reaction mixture kept in a 

temperature-controlled water bath? 
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(ii) What would happen to the rate of reaction if the 
experiment were repeated at 25°C, all other 
factors being the same? 

(e) Describe briefly how you would measure the con- 
centration of the ethanoic acid as part of such an 
investigation. 

UCLES 1990 (AS2) 

A37 
(a) Define the terms partial order, overall order and rate 
constant as applied to a chemical reaction. 

(b) The rate of the reaction Cr(II) + 3Ce(IV) = Cr(VI) + 
3Ce(IIl) varies as follows: 

Concentration/mol] dm? Rate/ 
{Cr(lI)] [Ce(IV)] [Cr(VI)] [Ce(II)] moldm~?’s 7! 
0.050 0.020 0.040 0.025 LOS 1OnC 

0.100 0.020 0.040 0.025 DiOSe Ome 

0.050 0.040 0.040 0.025 AOD Ome 

0.050 0.020 0.020 0.025 EOD Ome 

0.050 0.020 0.020 0.050 SOD ali Ome 

(i) Find the partial orders of reaction with respect to 
Cr(Il), Ce(IV) and Cr(VI). 

(ii) The data show that the partial order with respect 
to Ce(III) is —1. Comment briefly on the negative 
partial order with respect to Ce(III). 

(iii) Calculate the overall order and the rate constant 
(stating units). 

(c) (i) Sketch the distributions of molecular speeds in a 
gas at two temperatures, labelling the curve 
which refers to the higher temperature. 

(ii) Use your sketch to explain why the rates of most 
chemical reactions increase very rapidly with 
increasing temperature. 

OCSEB $1989 (3,4,5) 

A38 

The data below refer to the reaction 

2NO +0,—2NO, 

The partial pressure of O, was the same for each 
experiment. 

Initial rate Dee 
dN eine? is= tai Neat 

beZAG, 0.010 

6.80 0.040 
PY et 0.16 

61.2 0.36 
108 0.64 

170 1.00 

(a) Plot the data on a graph. 

(b) What is the order of reaction with respect to NO? 
Justify your answer. 

(c) When the partial pressure of O, was doubled to a 
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new constant value the gradient of the graph in (a) 
doubled. What is the order with respect to O,? Explain 
your answer. 

(d) Give the rate equation for this reaction. 
What are the units of the rate constant? 

(e) To calculate the activation energy of another gas 
phase reaction, 2N,O— 2N, + O,, the reaction was mon- 
itored at various temperatures, and a graph of Ink 
against l/T (in K~') was plotted (k is the rate constant for 
the reaction). The gradient of the graph had a numerical 
value of —2.95 x 10*. The Arrhenius equation may be 
expressed in the form Ink=/n A — E,/RT. Calculate the 
activation energy for this reaction, stating the units. (R= 
8.31JK7! mol") 

ULSEB 1988 (2) 

A39 
(a) Using the photochemical reaction of either 
methane and chlorine or hydrogen and chlorine as an 
example, explain and illustrate the meaning of the 
following terms: 

(1) initiation; 

(ii) propagation; 
(ili) termination; 
(iv) chain reaction. 

(b) The rate of a homogeneous gas reaction increases 
quite rapidly with temperature. Explain the two factors 
which account for this increase and indicate which 

makes the bigger contribution. 

(c) Describe how you would measure experimentally 
the enthalpy change for the following reaction in 
aqueous solution. 

Cu** (aq) + 4NH,(aq) > Cu(NH3)47* (aq) 
UODLE §S 1987 (1) 



Industrial chemistry 

Bl 
(a) Draw a flow diagram to illustrate an industrial 
process of your choice. (The ammonia-soda process for 
the manufacture of sodium carbonate is a suitable 
example but any industrial chemical process involving 
several stages will be acceptable.) 

(b) Various factors, apart from the chemistry of the 
process, should be considered when setting up any 
chemical process. Discuss, by reference to the process 
you have chosen in (a), 

(i) the acquisition and handling of raw materials; 
(ii) economic factors; 
(iii) the location of the plant. 

AEB Winter 1987 (1) 

B2 
(a) (i) The terms batch process and continuous process 

are used in the chemical industry. Explain their 
meaning. 

(ii) State one major economic advantage that a batch 
system of production has over a continuous 
process. 

(iii) Give the major economic factor which 
influences a manufacturer to change from a 
batch to a continuous process. State also the 
major economic obstacle faced by a small com- 
pany making this change. 

(b) Distribution between two immiscible solvents is an 
important unit operation used in industry. Give one 
important industrial application of this process by stating 
the product separated and the two solvents employed. 
Explain briefly why the method can be used. 

(c) Ammonium nitrate is manufactured on a large scale 
from ammonia. One stage in the process involves the 
catalytic oxidation of ammonia at high temperature in 
the presence of a platinum/rhodium gauze catalyst. The 
mixture is then cooled and more air is introduced before 
being passed into an absorption tower against a counter- 
current of water. 

(i) Give the equation for the catalytic oxidation of 

ammonia. 
(ii) Give the equation for the reaction which occurs 

when the reaction mixture is cooled. Explain why 

cooling is necessary. 
(iii) Currently, most plants in which these reactions 

are carried out have a tall chimney above which a 
faint brown plume of NO, forms. This is produced 
when a colourless gas, formed in the absorption 
tower, reacts with oxygen in the air. Identify this . 
colourless gas, explain how it is formed in the 
absorption tower, and name the important che- 
mical produced on a large scale in the absorption 
tower. 

(iv) Special precautions are taken during the final 
stages of the production of ammonium nitrate. 

State the property of ammonium nitrate which 
makes this necessary. 

JMB 1989 (2C) 

B3 
This question concerns the manufacture of nitric acid. 
The first stage in the manufacture is the catalytic 
oxidation of ammonia to nitrogen oxide. 

4NH;,(g) + 50,(g)= 
4NO(g) + 6H,O(g) AH? = —909kJ mol"! 

(a) State and explain the effect on the position of this 
equilibrium of 

(i) increasing the temperature at constant pressure; 
(ii) increasing the pressure at constant temperature. 

(b) In industry, the oxidation is carried out at a high 
temperature (about 900°C) but only a moderate press- 
ure (about 700kPa). Account for the use of these 
conditions. 

(c) A metallic gauze catalyst is used to increase the rate 
of oxidation. 

(i) What is the usual catalyst? 
(ii) What is the advantage of having it in gauze form? 

(d) In the industrial process the product gases from the 
first stage are cooled to about 37°C and mixed with 
excess air to convert the nitrogen oxide to nitrogen 

dioxide. 

2NO(g) + O,(g) =2NO,(g) AH°= —114kJ mol"! 

(i) Explain in terms of the equilibrium why the 
nitrogen oxide is cooled before mixing. 

(ii) Why should brown fumes be seen immediately 
when this reaction is carried out in the laboratory? 

(e) Write an equation for the third stage of the manufac- 
ture in which nitrogen dioxide is converted into nitric 

acid. 

(f) A large proportion of the nitric acid manufactured is 
converted into ammonium nitrate. 

(i) Write an equation for the formation of ammo- 
nium nitrate from nitric acid. 

(ii) Give one large scale use of ammonium nitrate. 
(iii) Explain why ammonium nitrate is readily soluble 

in water even though the standard enthalpy of 

solution has a positive value. 

AEB 1988 (2) 

B4 

Sulphuricacid is manufactured by the catalytic oxidation 

of sulphur dioxide with purified air over a vanadium(V) 

oxide catalyst in a four-stage process at 500°C and 

atmospheric pressure to give sulphur trioxide. The 

sulphur trioxide is then absorbed in 98% sulphuric acid 

and the 98.5% acid is then diluted with water to give the 

commercial 98% concentrated acid. The sulphur used is 

imported from Europe or America. 
The reaction between sulphur dioxide and oxygen is an 

equilibrium: 
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2S03(g) + O2(g) =2S03(g) 
AH = —94.6kJmol7! of SO, 

(a) Describe and explain the effect on the yield of SO, of 
(i) increasing the pressure; 

(ii) raising the temperature. 
Comment on the actual operating conditions in 
the light of your answers. 

(b) Discuss and explain the effect of the catalyst on 
(i) the yield of the reaction; 

(ii) the rate of attainment of equilibrium. 

(c) Describe two likely environmental consequences of 
a substantial leakage of sulphur dioxide from the plant. 

(4d) About one-third of the world production of sul- 
phuric acid is used in the manufacture of chemicals for 
use in agriculture. 

(i) Name three types of chemical widely used in 
modern agriculture. 

(ii) Outline the environmental impact of any two of 
these chemicals. 

(e) Describe and give equations for reactions which 
show that sulphuric acid behaves as 

(i) an oxidizing agent; 
(ii) a dehydrating agent. 

AEB 1990 (1) 

B5 
Methanol is manufactured from synthesis gas which is a 
mixture of carbon monoxide, carbon dioxide, and 
hydrogen. Synthesis gas is manufactured from raw 
materials such as natural gas, naphtha, heavy fuel oil and 
coal. Synthesis gas is converted to methanol in a process 
represented by the following equations 

CO(g) + 2H,(g) =CH,OH(g); A4H=—91kJ mol"! 

CO,(g) + 3H2(g) =CH;OH(g) + H,O(g); 
AH= —49kJ mol"! 

Low temperatures and high pressures would give high 
yields of methanol but, in the UK, a low pressure 
catalysed process is used at a temperature of 200-300 °C. 
(From ‘The Essential Chemical Industry’ — The Polytechnic of North 

London, 1985) 

(a) Explain why high yields of methanol are produced at 
(i) high pressures; 
(ii) low temperatures. 

(b) Give two disadvantages of operating the process at 
high pressures. 

(c) Give one disadvantage of operating the process at 
low temperatures. 

(ad) Suggest a type of element that might be suitable for 
use as a catalyst in this process. 

(e) Explain how a catalyst affects the reaction profile of 
the reaction between carbon monoxide and hydrogen. 
Include an energy level diagram in your answer. 

(f) For the large-scale manufacture of methanol give 
(i) one fixed cost for the process; 

(ii) One variable cost for the process. 
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(g) Suggest factors that should be considered when 
deciding upon the location of a plant for the production 
of methanol by the process outlined above. 

AEB 1989 (AS) 

B6 
The petrochemicals industry produces and uses large 
quantities of ethene. Some of this is obtained by steam- 
cracking naphtha. A modern plant can produce 500 000 
tonnes of ethene each year. Before a new cracking plant: 
is built careful planning must go into choosing its 
location and calculating its costs. 

(a) Give, with reasons, two factors which should be 
taken into account when deciding upon the location of a 
new cracking plant. 

(b) (i) Give one fixed cost of a cracking plant. 
(ii) Give one variable cost of a cracking plant. 

(ili) Explain why a 500 000 tonne capacity plant may 
be uneconomic to operate if it is used to produce 
only 250000 tonnes of ethene per year. 

(c) Ethene is converted into ethanol by direct hydration 
at a temperature of 330°C, a pressure of 6 MPa and with 
a catalyst. The reaction is exothermic. 

C,H,4(g) + H,O(g) = C,H;OH(g) 

(i) Explain why the process is operated at a high 
pressure. 

(ii) What would be the effect on the equilibrium 
concentration of ethanol if the process were 
operated at a temperature in excess of 330°C? 
Explain your answer. 

(iii) Why is a catalyst used in the process? 

(4) Describe two of the environmental problems which 
can arise from the storage of large amounts of ethene. 

AEB Winter 1988 (2) 

B7 

(a) Crop yields can be increased by the use of fertilisers, 
herbicides and pesticides. 

(i) Give one example of the way in which an 
insecticide such as DDT can increase crop yields. 

(ii) Compounds such as 2,4-D and 2,4,5-T act as 
herbicides. What is the function of a herbicide? . 

(iii) In recent years restrictions have been placed on 
the use of DDT and some other pesticides. Suggest 
reasons why this should be so. 

(6) Ammonium salts are frequently used as fertilisers. 
Their nitrogen content can be estimated by reaction with 
excess standard alkali followed by ‘back-titration’ of the 
unused alkali with an acid. 

(i) Write an ionic equation for the reaction between 
ammonium ions and an aqueous alkali such as 
sodium hydroxide. . 

(ii) A solution containing 1.85 g of the fertiliser was 
boiled with 50.0cm’ of 1.00moldm~* sodium 
hydroxide solution until reaction was complete. 
Calculate the number of moles of hydroxide ion 
added. 



(iii) The solution obtained in (ii) was diluted to 
250cm?. 25.0cm’ portions of this solution 
required 22.0cm? of 0.100moldm~?* hydro- 
chloric acid for neutralisation. Calculate the 
number of moles of hydroxide ion still present, 
unreacted, in the total 250 cm? of solution. 

(iv) Using your answers to (i)—(iii), calculate the 
number of moles of hydroxide ion needed to react 
with the ammonium ions and hence the number 
of moles of ammonium ions present. 

(v) Use your answer to (iv) and the information 
given in (ii) to calculate the percentage by mass of 
nitrogen in the fertiliser. 
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B8 
(a) For each of the land, the sea and the atmosphere 
name one chemical pollutant. State the source of the 
pollutant, the harm it causes to the environment and 
suggest a method of reducing the amount of pollutant 

released. 

(b) State five sources of energy available on a large scale 
at the present time. Discuss three of these energy 
sources by considering their long term availability and 
any aspects of their use which are socially undesirable. 

(c) Suggest, with justification, an energy source which 
could provide large scale energy some time in the future 
and which would have minimal environmental prob- 

lems. 
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B9 
Read the following passage carefully and then answer 
questions (a) to (0) below. 

THE GASES OF THE ATMOSPHERE 

The Earth’s atmosphere is unique in the solar system, 
particularly because it can support life on the planet. 
Moreover, during the past hundred years or so the use of 
its constituents in industrial chemistry has become very 
important. 

The composition of dry air is given below, together 
with the boiling points of some of its components. 

Gas % by volume Boiling point/K 

Nitrogen 78.08 WI 
Oxygen AUR) 90 

Argon Ons 87 

Carbon dioxide 0.03 (variable) 
Neon 0.0015 Di 

Helium 0.0005 4 

Methane 0.000 2 
Krypton 0.000 11 121 
Nitrogen oxide 0.000 05 
Hydrogen 0.000 05 
Xenon 0.000 008 166 

The methods used for isolating the constituent gases 
are largely based upon the fractional distillation of air. 

NITROGEN 

In the manufacture of ammonia, nitrogen is obtained 
by heating air, methane and steam in the presence of 
suitable catalysts. A mixture of nitrogen and hydrogen 
for ammonia synthesis is thus produced. The main 
method for separating nitrogen industrially, however, is 
the fractional distillation of liquid air. This yields nitro- 
gen in two main grades, a general grade containing 
oxygen (10 ppm), carbon dioxide (10 ppm) and hydro- 
gen (10 ppm) and a special grade in which the oxygen 
content is lower than 10 ppm. Low purity nitrogen 
containing 2—3% of oxygen is also available. 

Nitrogen is used: 

(i) in metallurgical industry e.g. in the annealing of 
steel, 

(ii) to provide an inert atmosphere e.g. in food 
packaging, glass making, chemical processes, and 
silicon chip production, and 

(iii) in refrigeration (liquid nitrogen is a cheap refri- 
gerant often used for reducing temperature 

quickly e.g. in medicine). 

OXYGEN 

Two types of plant are commonly used to separate 
oxygen from the air. Liquid oxygen plants afford oxygen 
of high purity, at least 99.7% with 0.3% argon. 

Gaseous oxygen plants, which are often sited next to 
steel or other chemical works yield quite an acceptable 
product of lower purity (90-99:5% oxygen). The annual 
production of oxygen in the UK is about two million 

tonnes. 
The main use of oxygen (55%) isin steel manufacture. 

The chemical industry consumes a further 25%. Other 
applications include medicine (10%), cutting metals at 

high temperature and rocket propulsion. 

ARGON 

Argon is the most abundant noble gas in the air. About 

30000 tonnes are produced annually in the United 

Kingdom. Almost 90% of this is used to provide inert 

atmospheres especially in the metallurgical industries. 

Most of the remainder is employed in light bulbs as a 

mixture of 88% argon 12% nitrogen. Where very high 

purity is required, refining up to 99.999% can be 

achieved. 

HELIUM 

Although there is very little helium in the air, some is 

obtained as a by-product of neon manufacture. The main 

commercial source, however, is natural gas, which may 

contain up to 6% helium. On account of its low density, 

helium is suitable for weather balloons and airships. The 

gas also finds application in under-water breathing 

equipment (80% helium, 20% oxygen) and in low 

temperature research. 
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THE OTHER NOBLE GASES 

Neon, xenon and krypton are used in electric dis- 
charge tubes. Xenon became chemically important in 
the early 1960s with the discovery that it is able to form 
compounds such as xenon tetrafluoride. 

(a) Draw structures, showing the bonding and shapes 
where appropriate, of the molecules of: 

(i) nitrogen; 
(ii) Oxygen; 

(iii) carbon dioxide; 
(iv) methane. 

How does the atomicity of the molecules of the noble 
gases differ from the atomicity of the molecules of the 
gases above? 

(b) State four uses of nitrogen given in the passage. 

(c) Which processes maintain the percentage of 
oxygen and carbon dioxide in the air? 

(4d) Which of the gases mentioned in the passage would 
you expect to remain gaseous during the liquefaction of 
air? 

(e) If the percentage of carbon dioxide in the atmos- 
phere rises, what effect could this have upon conditions 
on the planet? 

(f) Suggest the origin of each of (i) nitrogen oxide and 
(ii) methane in the atmosphere. 

(g) Suggest the origin of helium in natural gas and 
explain how it is formed. 

(i) Assuming that liquid nitrogen and liquid oxygen 
form ideal mixtures which obey Raoult’s law over the 
whole composition range, sketch boiling point/ 
composition curves (vapour and liquid) for the system. 
Mark on your sketch the boiling points of oxygen and 
nitrogen and then use your sketch to explain the 
fractional distillation of liquid air containing nitrogen 
and oxygen only in a 4:1 mole ratio. 

(i) Although both argon and nitrogen are used to 
provide inert atmospheres, in some cases nitrogen may 
be preferred to argon although it is more reactive than 
argon. Suggest two reasons for this. 

(k) Assuming the pressure of the gas in a light bulb to be 
10 kPa, calculate the partial pressure of the argon in the 
bulb. 

(1) What is the purpose of oxygen in steel manufac- 
ture? What is the advantage in using the gas of lower 
purity? 

(m) State one chemical process which uses oxygen and 
may be included in the 25% used in the Chemical 
Industry. 

(2) Neon, xenon and krypton are used in electric 
discharge tubes. 

(i) Give an everyday use of such tubes. 
(ii) Explain how the light is generated in the tube. 

(0) (i) Why was the discovery of the formation of 
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xenon tetrafluoride significant in chemical 
terms? 

(ii) Suggest a shape of the xenon tetrafluoride 
molecule. 

AEB Winter 1988 (1) 

B10 

Read the following account and answer the questions 
which follow. 

Ethenyl ethanoate (vinyl acetate), b.p. 72°C, is an impor- 
tant intermediate; the polymerised ester, poly(vinyl 
acetate), is widely used in emulsion paints and in 
adhesives. Two processes used for the manufacture of 
ethenyl ethanoate are outlined below. 

Process 1 

(CH,COO),Zn 

170—250°C 

CH,;GOOCH=—GH, AH®?= — 118 kimole. 

HC=CH + CH,COOH 

Ethyne (acetylene) and ethanoic (acetic) acid are combined 
in a single-step, heterogeneously catalysed reaction 
carried out in the vapour phase. The conversion of 
ethyne is about 60%, and 7% of the reacted ethyne 
forms by-products. The ester is freed from organic by- 
products in a multi-step distillation. 

Process 2 

(CH;COO),Pd 
— 

175—-200°C 

CH,COOCH=CH, + H,O AH®= — 176kJmol7! 

A gaseous mixture of ethene, ethanoic acid and oxygen 
is passed over a fixed-bed catalyst. The ethene conver- 
sion is about 10%, and 94% of the ethene which reacts 
does so to produce the desired ester. The conversion for 
the reaction is limited by the low oxygen content 
required in order to prevent an explosion. The main by- 
product, carbon dioxide, is removed by means of an 
alkali wash. 

H,C=CH,+CH,COOH +30, 

Ethene is readily available from cracking processes 
which also produce ethyne as a by-product. Ethene is 
more easily stored and transported than ethyne. 

(a) State the advantages and disadvantages of Process 2 
relative to Process 1, and explain briefly how these result 
in Process 2 being almost exclusively used in new plants. 
Areas covered might include feedstocks, energy, opera- 
tion and costs. 

(b) Suggest why carbon dioxide is the main by-product 
in Process 2, but not in Process 1. Give an equation for its 
formation in Process 2. 

(c) In Process 2, 100kmol of ethene, together with 
appropriate quantities of ethanoic acid and oxygen, were 
subjected to a single pass through the reactor. Using the 
above information, calculate the amount (in kmol) of 
ethene and of ethenyl ethanoate in the resulting gas 
mixture. 
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Answers to examination questions 

Answers are only given for those parts of questions 
which have a numerical answer. 

Physical chemistry 

Ade (e)(i) B=1.917 X10 J mol"!; (ii) 87.6% 
A2 (a) 2.468X10!°Hz; — (b):1312.7kJ mol"! 
A5 (c)(i) 305.293; (ii) 6.11 kJ mol}; 

(a) (i) oe 6mm Hg 
AT (d) A(Zr)=91.27; > (f)(i) 45 
A9 (b) 6. oe 107? mol"? 

Al0 (a) 4; (b) 8 
All (d) 69.39 x 10° Pa 
Al2 (c)(i) M,(E) =32.14; (ii) 460.28m s~! 
Al3 (b v0) kesotoimio) (ii) 0.029 mol; (iv) 319.6 
Al4 (a) 3 (b) 3.3. cm? 
A115. (c)(i) ae (ii) —66.88 kJ mol”; 

(d) —78.18kJ mol"! 
Al6 (b)(i) 84.5kJ; ci) —1690kJ mol}; 

(c) +3918.7kJ mol"! (d) +3919kJ mol"! 
A17 (i) +376kJ mol"! ( 
Al8 (i) 0.2357, 0.3821, 0.3821; = (ii) 0.5421 x 

10° Pa, 0.8788 X 10° Pa, 0.8788 X 10° Pa; 

(b) (iii) K.=0.24; 
(iil 
( 
(c) K, =0.014 

A20 (ii) 116.1:1; 4 Leal 

A23 (a) 50.88; (c)(i) 14.27 ¢; (i) 5953355 
(d) 68°C; (e) 100% KIO, 

A24 (c) 0.714; — (d) (i). 132°C; 93°C; 
(ii) 0.25; (e)(ii) 4 

A26 (c)(i) 0.043 moldm~?; (ii) 0.086 mol dm’; 

in) Me 

) 
) 
)(i) 
) 
] 
0. 477V; 

1) Ady 20; maek dm-’; 
22g dm; (v) 84cm? 

M(x) =180¢ mol-', C.H,,0, 
124, 247.4g mol! 

0.59V;  (d)(ii) 25cm? 

~? (both answers 

depend on the accuracy of the graph) 
c)(i) 0.18 g, 96 300C; 

(iii) 6.01 x 107? 
(ii) x= 2; 

mol! 

(c) (ii) K,= y Xx 10-8 mol? dm~?; 

A33 (b) 1544s; (c)(ii) 6.24cm7!; (c)(iii) 126.9 Q7! 

(4) (i) 
A35 (a)(i) 1 

(D) (i) 

mol-!; (d)-238:3.Q7 cn? mol 
2 87; (ii) 4.44 

(ii) 12.7; (iii) 2.99 
0. aa mol; (iii) 0.6 X 10*s (answer 

depends on the accuracy of the graph); 
(iv) lst order; (v) 0.3 10~° moldm~? s“! 
(answer depends on the accuracy of the graph); 

(vi) 1. 
uracy of the graph) 

( i) 
2; ~~ 7 

3 x 10~-*s~! (answer depends on the 

1 20; 25 1:25 mol” dm? s-= 

(nee. (dj N-? mi? s=”; 
e) 245.1kJ mol’ 

Industrial chemistry 

B7 (b) (ii) 
(iv) 2. 

5x 10°? mol; 

8 x10 mol: 

(iii) 2.2 x 10°? mol; 
(v) 21.2% 

B9 (k) 8.8kPa 
B10 (c) 90kmol ethene unreacted; 9.4kmol ester 

made 
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ABAB... structure, 174—5 

ABCABG... structure, 174—5 

absorption spectroscopy, 136 
acid—base indicators, 227 
acid-base titrations, 221-3 
acid dissociation constants, 445—6 
acids and bases, 439—42 
activated complex, 467-8 
activation energy, 460 

and catalysts, 467 
and change in temperature, 466 

active sites, of catalysts, 491—2 
advanced gas cooled reactor, 36 
aldehydes, ultraviolet spectroscopy, 147—8 
alkanes, boiling points, 118 
alkenes, ultraviolet spectroscopy, 146—7 
allotropy, 335-9 

see also polymorphism 
allowed transitions, 140 
alpha decay, 31 
alpha-rays, 24—5 
alpha (a) scattering, 13-14 
aluminium, extraction of, 522-3 
aluminium trichloride 

bonding in, 85 
molecular shape, 98 

amino acids, chromatography, 328 
ammonia 

as a base, 440-2 
bonding in, 78-9 
hydrogen bonding in, 117 
manufacture of, see Haber process 
molecular shape, 96 

ammonia—soda process, 514—16 
ammonium chloride 

action of heat, 315 
bonding in, 85 
polymorphism, 335 

amu, see atomic mass units 
angular momentum, of electrons, 63 
anisotropy, and liquid crystals, 131 
anti-bonding orbitals, 87—9 
arenes, UV spectroscopy, 147 

Arrhenius equation, 465 

Subject index 

atomic mass units, 17—18 
and Einstein’s equation, 19 

atomic masses, table of, 536—7 
atomic number, 15—17 
atomic radii, 188 
atomic size, 14, 188-92 
aufbau method, 66—70 
average bond energy, 255 
average speed of gas molecules, 202 
Avogadro constant, 205-6, 209 

Avogadro's theory, 203, 205-6 
azeotropic mixtures, 369—70 
azimuthal quantum number (1), 59 

background radiation, 29 
base dissociation constants, 449 
batch processing, in the chemical industry, 503 
bauxite, 522 
Beer—Lambert law, 473 
benzene 

bonding in, 93-4 
heat of hydrogenation, 256 
n.m.r. spectrum, 159 

X-ray diffraction, 5 
beryllium chloride, molecular shape, 95—6 

beta decay, 31-2 
beta-rays, 24—5 
binding energy, 20 
bismuth trichloride—water equilibrium, 314 

blast furnace, 521 
bleach, determining the concentration of, 230 
blood, pH of, 451 
body centred cubic packing, 176 
Bohr orbitals, 48 
Bohr radius (a,), 48 
Bohr’s model of the atom, 46—50 
Boltzmann’s constant, 201 
Boltzmann’s distribution, 281 
Boltzmann’s equation, 280 
bomb calorimeter, 277 
bond dissociation energy, 255 
bond energy, comparison of types, 117 
bond enthalpy, see bond energy 
bond lengths, 191 
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bond strength, and vibrational spectroscopy, 155 
bonding orbitals, 87—9 
Born—Haber cycle, 263 
Born—Landé equation, 266 
Born—Mayer equation, 266 

boron trichloride, molecular shape, 96 
boron trifluoride, as a Lewis acid, 441 
Boyle’s law, 194 
Bragg’s equation, 169 

Bravais lattices, 179 
bromine, isotopes, 18 
Bronsted—Lowry theory, see Bronsted theory 
Bronsted theory of acids and bases, 440-1 
Brownian motion, 129 
bubble caps, 368 
bubble chamber, 29 
bubble rafts, 177 
buffer solutions, 450-1 
butane, mass spectrum, 165 

caesium chloride (CsCl), crystal structure, 183 
calcium carbonate, dissociation pressure, 302 
calomel cell, 405 
carbocations, 490 
carbon, allotropes, 336—7 
carbon dioxide 

molecular shape, 96 
phase diagram, 325 

carbon monoxide, bonding in, 78—9 
carbon-12 

mass scale, 17-18 
in mass spectrometry, 162—4 

in radiocarbon dating, 42—3 
carbon—zince cell, 395 
carbonate-acid reaction rate, 475 
carbonate ion, bonding in, 80-1 
carbonyl compounds, molecular orbital theory, 92 
cash flow, in the chemical industry, 500 
catalysts 

influence on equilibrium constants, 306 
influence on rates, 462 

and mechanisms of reactions, 49 1—2 
cathode rays, 6 
cell constant, 434 
cells, see electrochemical cells 
cerium-iron redox titration, 417 
CFCs, see chlorofluorocarbons 
chain reactions, in nuclear reactions, 35 
Charles’ law, 193 

chemical analysis, and solubility product, 376 
chemical bonds, and energy changes, 243 
chemical equilibrium, 304—13 

see also equilibrium 
chemical industry, importance of, 497 
chemical plant, siting of, 502-3 
chemical processes, 506-11 
chemical shift, 158—9 
chlor-alkali industry, 512-17 
chlorine 

isotopes, 18 

manufacture of, 512—13 
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chlorine atoms, mass spectrum, 164 
chlorine molecules 

bonding in, 78-9 
mass spectrum, 166 

chloroethanoic acids, acidity, 447 
chlorofluorocarbons, and the ozone layer, 489 
chromate (v1)—dichromate(v1) equilibrium, 314 
chromatography, 327-34 
chromium, electron structure, 69 

cis and trans isomers, dipole moments in, 110 
Clausius—Clapeyron equation, 325 
cloud chamber, 29 
coagulation of colloids, 132 * 
coal, structure, 243 
cold fusion, 38 
colligative properties, 379-88 

and abnormal molar masses, 384—5 
and association or dissociation, 381 

collision frequency, 465 
collision theory, 465—7 
collisions, and rate of reaction, 459 
colloids, 131—4 
colour 

of copper(m) sulphate, 12, 142-4 
and the visible spectrum, 143 

column chromatography, 330 
common ion effect, 375 
complexions, 279 

see also entropy 
concentration 

influence on rates of reaction, 461, 462 
of solutions, 223-5 

concentration cells, 403—4 
conductance, 433 
conductimetric titrations, 436—7 
conduction bands, 124 
conductivity (x) 433 
conductivity cell, 433 
conductivity changes, in measuring rates, 474 
conductivity of solutions, 433-8 
conjugate acids and bases, 443-6 
continuous phase, in colloids, 131 

continuous processing, in the chemical industry, 503 
continuous spectrum, 51 
control rods, 35 
cooling curves, 340—4 

metastable state, 341 
mixtures, 34] 

pure substances, 341 
coordinate bonding, 84—6 

between NH, and BCl,, 84 

coordination number, of atoms in a crystal, 176 
copper 

electron structure, 69 
extraction of, 520 

copper() sulphate 
electrolysis, 429 
hydrogen bonding in, 120 
visible spectrum, 142—4 

corrosion, 408—10 

covalent bonds, and sharing of electrons, 77—8 



covalent radii, 188—9 
cracking 

catalytic, 527 
thermal, 528 

critical behaviour of gases, 197 
critical point, on phase diagrams, 324 
critical temperature, of gases, 197 
cryolite, in aluminium extraction, 522 

crystal defects, 176-7 
crystal lattices, types, 180-1 
crystal planes, and X-ray diffraction, 171-3 
crystal structures, of metals, 176—7 

see also crystallography 
crystallography, 174-8 
cubic close packing, 175 

Dalton’s atomic theory, 3 
Dalton’s law of partial pressure, 200, 206 
Daniell cell, 391 

and free energy, 291 
dative covalent bonding, see coordinate bonding 
Davisson and Germer’s experiments, 54 
de Broglie’s equation, 56 
decay constant, in radioactivity, 31 
decay curves, in radioactivity, 29-30 
decay law, in radioactivity, 31 
decay schemes, in radioactivity, 31—2 
decomposition voltage, 428 
degeneracy, of orbitals, 59, 66 
degree of dissociation 

and conductivity, 435 
of a weak acid, 449-50 

degrees of freedom, and equipartition of energy, 201—2 
deliquescence, 347 
delocalised electrons 

in alkenes, 93-4 
in benzene, 93—4 
in oxoanions, 80-1 

depression of freezing point, 381 
descending chromatography, 328 
de-shielding of protons, 158 
diamond, crystal structure, 181 
diaphragm cell, 513-14 
diffraction, 54—6 
diffractometers, 173 
diffusion, influence on rates, 461 
dilatometer, 337 

for measuring rates, 474 
dilution, in conductivity, 434 
diodes, 125-6 
dipole moments, 108—10 

and intermolecular forces, 113-14 
and melting or boiling points, 114 
temporary, 113-14 

disorder, see entropy 
disperse phase, in colloids, 131 
dispersion forces, 114 
disproportionation, 422 
dissociation pressure, of calcium carbonate, 302 
distillation, 365-72 

deviations from Raoult’s law, 365—6 

industrial, 368—9 
distribution of speeds in gases, 203 
DNA, hydrogen bonding in, 120 
doping of semiconductors, 124—5 
dot-and-cross diagrams, 77—82 

hydrocarbons, 79 
oxoanions, 80 

double bonds, 93 
Downs process, 521 

dynamic allotropy, 337 

Earth, age of, 43 
economics of production, in the chemical industry, 

499-501 
efflorescence, 347 
Einstein’s equation, 18—20 
electric field, of light waves, 139 
electrochemical cells, 389-99 

concentration changes in, 400—7 

conventions in writing, 393 
equilibrium in, 392, 401—3 
flow of electrons in, 392 
reactions in, 392 
thermodynamics of, 412-14 

electrochemical series, 394 
electrodes 

in cells, 389, 393 
in electrolysis, 427 

electrolysis, 426—32 
calculations in, 430 
in industry, 431 

electrolyte, 427 
electromagnetic radiation, 137—9 
electron 

charge, 6—7 
charge to mass ratio, 6 
discovery of, 6 

electron deficient molecules, 79 
electron density maps, 172-3 
electron repulsion theory, 95—6 
electron structures 

of elements, 66—70 
and ionisation energies, 71—6 

electronegativity, 107—8 
electrophoresis, 133 
elements, 3, 15 

artificially prepared, 26 
elevation of boiling point, 379-81 
Ellingham diagrams 

explained, 295—7 
and extraction of metals, 519-20 

emission spectroscopy, 136 

empirical formula, 212 
enantiotropy, 335 
endothermic changes, 245 
energetic stability 

and lattice energies, 265 
and spread of charge, 257 

energy 
and delocalisation of electrons, 147 
and temperature, 201—2 
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energy balance, 502 
energy bands, 122—7 
energy changes, 243-6 

continuous or quantised, 9-12 

energy level diagrams, 9-11, 244 
energy levels, 9-12 
energy and mass, equivalence, 19 
enthalpy, 247-51 
enthalpy changes 

measurement of, 247, 253-4 
on mixing, 357 

of reactions that do not occur, 260-1 
in solution, 271—5 

enthalpy of reaction, see heat of reaction 
entropy, 279-90 

of a perfect crystal, 288 
of the universe, 287 

entropy changes 

calculation of, 289 - 
mixing of liquids, 357-8 
and solubility, 350 

enzymes, and rates of reactions, 491—3 
equations, and oxidation numbers, 238—42 
equilibria between phases, 323-6 
equilibrium 

between solids and liquids, 340—4 
and cell reactions, 392 

and equilibrium constants in thermodynamics, 
301-3 

and free energy, 299-303 
equilibrium constants 

influence of catalysts, 306 
influence of pressure, 306, 308-11 
influence of temperature, 306—8 
measurement of, 318-22 
and partial pressures of gases, 302, 305 
in reactions, 304—13 
and solids, 299, 305 
in thermodynamics, 301—3 
units, 305-6 

equilibrium reactions, 314-17 
see also equilibrium constants 

equipartition of energy, 201 
ester equilibrium, 304, 318-20 
ester hydrolysis, rate of reaction, 474 
ethanedioate/manganate(vm), redox titration, 228 
ethanoic acid, dissociation, 446 
ethanol 

mass spectrum, 166 

n.m.r. spectrum, 159 

vibrational spectrum, 149 
eutectic halt, 341 
eutectics, 34] 

excited states, 49 
exothermic changes, 245 
exponential change, in first-order reactions, 482 
extraction of metals, 518-24 

and free energy, 295-7 
extrinsic semiconductors, 123—4 

face centred cubic packing, 175 
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Fajan’s rules, 111 
faraday of electricity, 430 
Faraday’s laws of electrolysis, 431 
fast breeder reactors, 35 
field ionisation microscope, 5 

fingerprint region, in vibrational spectroscopy, 151 
first law of thermodynamics, 533 
first-order rate law, 480 
first-order reactions, 480—2 
fission, spontaneous and induced, 34—5 
fixed costs, in the chemical industry, 499 
flash photolysis, 477 
flocculation of colloids, 132° 
fluorine, bonding in, 78—9 
fluorite (CdF,), crystal structure, 183 
food preservation, by gamma radiation, 41 
forbidden transitions, 140 
fractional crystallisation, of potassium 

chloride/potassium chlorate(vu), 346 
fragmentation patterns, in mass spectra, 164—5 
free energy, 291-8 

calculation from cell e.m.f.s, 413 
effects of concentration and pressure, 299-303 
and equilibrium, 300-1 
of formation, 293 
of mixing, 357° 
and non-standard conditions, 294—5, 299 
and position of equilibrium, 302 
and rates of reactions, 294 
and work, 292 

free radical reactions, 489-90 
free radicals, 487—8 
fuel cells, 396 

functions of state, see enthalpy changes 
fusion reactions, 37—8 

gamma-rays, 24—5 

gas-liquid chromatography (GLC), 331 
gases 

in chemistry, 205-8 
mixing and entropy, 282 

Gay-Lussac’s law of combining volumes, 205 
Geiger and Marsden’s experiments, 13-14 
Geiger—Muller counter, 28—9 
gels, 132 
glass, 131 
glass electrode, 404—5 
GLC, see gas-liquid chromatography 
Graham’s law of diffusion, 206—7 
graphite, crystal structure, 182 
ground states, 49-50 

Group II sulphates, solubility, 353 
Group V hydrides, boiling points, 118 
group frequencies, in vibrational spectroscopy, 151 

Haber process, 508-10 
equilibrium expression, 311 

haematite, 520 
half-cells, 391 
half-equations, and oxidation numbers, 240 



half-life 
in first-order reactions, 482 
in radioactive decay, 29-32 
in second-order reactions, 483 

Hardy—Schulze rule, 134 
heat of atomisation, 255 
heat of combustion, 253 
heat of formation, 252-3, 259-62 

of ions in solution, 274 
heat of hydrogenation 

of benzene, 256 
and delocalisation of electrons, 257 

heat of neutralisation 
of strong acids, 271 
of weak and strong acids, 272 

heat of reaction, 259-60 
heat of solution, 273 
heat of sublimation, 255 
Heisenberg’s uncertainty principle, 63 
helium, phase diagram, 324—5 
Helmholtz double layers, 389 
Henry’s law, 359 
Hess's law, 250, 259-62 
heterogeneous catalysts, 462 
heterolysis, 487 
heteropolar diatomic molecules, bonding in, 78 
hexaaquonickel(u) ion, visible spectrum, 145 
hexagonal close packing, ABAB... structure, 174—5 
high pressure liquid chromatography (HPLC), 332: 
Hofmann voltameter, 429 
homogeneous catalysts, 462 
homolysis, 487 
homopolar diatomic molecules, bonding in, 78 
HPLC, see high pressure liquid chromatography 
Hiickel theory, 93 
Hund’s rule, 68 
hybrid orbitals, 98 
hybridisation, 97—8 
hydrates, and solubility, 346 
hydration energy 

of ions, 273 
and solubility, 350 

hydration sphere, 349 
hydrocarbons 

bonding in, 78-9 
molecular orbital theory, 92—4 

hydrogen atom 
energy levels, 11, 46—8 
and ionisation energy, 47—8 
quantisation of energy levels, 46—7 

hydrogen atom spectrum, 51—3 

hydrogen bonding, 117-21 
and boiling points, 118 
intermolecular and intramolecular, 119 

hydrogen chloride, bonding in, 78—9 
hydrogen fluoride 

bonding in, 78-9 
hydrogen bonding in, 117 
molecular orbital theory, 91—2 

hydrogen halides, boiling points, 118 
hydrogen iodide equilibrium, 320 

hydrogen ions, conductivity, 436 
hydrogen molecule 

bonding in, 78-9 
molecular orbital theory, 90-1 

hydrogen peroxide decomposition 
measurement of rate, 471 

rate law, 481 
hydrogen sulphide, molecular shape, 98 
hydrolysis, 455 
hydrolysis of halogenoalkanes, mechanism, 490-1 

ice, hydrogen bonding in, 119 
ideal gas equation, 194, 201 
ideal solutions 

negative and positive deviations, 356, 357 

and Raoult’s law, 355 
immiscible liquids, 355 
indicators 

in acid—base titrations, 221 
in other titrations, 227—30 
and pK,,,, 456—7 

inductive effect, negative, 110 
industrial accidents, 502 
industrial products, stages in producing, 498-9 
infrared spectroscopy, see vibrational spectroscopy 
initial rate, 472 
initiation, in free radical reactions, 489 
intermolecular forces, 113—16 

and dipole moments, 113—14 
and states of matter, 128 

internal energy, 276—8 
intrinsic semiconductors, 123—4 
iodate(v)—iodide reaction, in titrations, 229 
iodine—iodine trichloride equilibrium, 314 
iodine monochloride, polymorphism, 335 
iodine—propanone reaction 

mechanism, 488 
rate, 472 

iodine titrations, 229-30 
iodine—triiodide equilibrium, 315 
iodomethane—hydroxide ion reaction, mechanism, 

461 

ion exchange chromatography, 331 
ionic bonding, 101-6 

compared with covalent bonding, 101 
and electron structures, 104 

ionic crystals, attractions and repulsions in, 103—4 

ionic molar conductivities, 435 
ionic product of water, 444 
ionic radii, 190—1 
ionic size, and solubility, 351 
ionisation energies 

graphs, 71-6 
table of values, 535 
variation down a Group, 71—2 

variation across a Period, 72—3 
ions, oxidation numbers of, 235—6 
iron 

extraction of, 520-1 
mass spectrum, 164 

iron(1)—dichromate(vi) redox titration, 227 
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iron(m) salts, acidity in solution, 447 
isoelectronic atoms or ions, and ionic radii, 190 
isoelectronic rule, 96—7 
isotherms, 196—7 
isotopes, 17 

chemical and physical properties, 17 

K., see equilibrium constants 
K,, see equilibrium constants 
keto-enol tautomerism, 488 
ketones, UV spectroscopy, 147—8 

kinetic theory of gases, 200—4 
and Avogadro’s theory, 203 

Kohlrausch’s law of independent ionic mobilities, 435 

labelling, by radioactive isotopes, 43—4 
lambda point of helium, 324—5 
lattice energies, 263—70 

and solubility, 349-50 
Laue patterns, 169—70 

law of mass action, 304 
laws of thermodynamics, 533—4 
Le Chatelier’s principle, 307 
lead, extraction of, 520 
lead—acid battery, 396 
leaving groups, role in rates of reactions, 490 
Lennard-Jones potential (6-12 potential), 130—1 
Lewis theory of acids and bases, 441—2 
light emitting diodes, 126 
light energy, 11-12 
light waves, 138-9 
line spectrum, 51 
liquid crystals, 131 
liquid mixtures, 355-61 

and entropy changes, 357 
nicotine and water, 360 
phenol and water, 358 

local field, 158 
London forces, 114 
lone pairs of electrons, 78 
lyophilic sols, 133 
lyophobic sols, 133 

Madelung constant, 266 
magnetic quantum number (m), 59 
manganate(vm) ion 

bonding in, 80-1 
shape, 99 

mass balance, 502 
mass defect, 21 
mass excess, 21 
mass number, 17 
mass spectra 

calculation of relative atomic masses, 164 
determining the number of carbon atoms, 165—6 
and mass defects, 162—4 

mass spectrograph, 14—15 
mass spectrometer, and carbon-12 scale, 162—4 
mass spectrometry, 161—7 

matter waves, 56 

Maxwell—Boltzmann distribution, 281 
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Maxwellian distribution of speeds, 203 
mechanisms of reactions, see reaction mechanisms 
medicine, use of radioactivity in, 42 
melt-down, in nuclear reactors, 37 
melting point curve, and phase diagrams, 324 
melting points, determination, 340 
mercury, extraction, 519 

mercury cell, in sodium hydroxide manufacture, 
512-13 

mercury(u) iodide, polymorphism, 335 

metal fatigue, detection by radioactivity, 41 
metallic bonding, 122—7 
metallic radii, 188-9 
metals 

crystal structures, 176-8 
properties, 122—7 

metastable state, of rhombic sulphur, 324 
methane, molecular shape, 96 
methanol 

determining its heat of combustion, 253-4 
n.m.r. spectrum, 158 

methylbenzene, vibrational spectrum, 153 
Millikan’s experiment, 6—7 
miscible liquids, 355 
mixtures of liquids, see liquid mixtures 
mobile phase in chromatography, 327 
moderators, in nuclear reactors, 35 
molal, measure of concentration, definition, 223 
molar conductivity 

at infinite dilution, 434 
of strong and weak electrolytes, 434-5 

molar masses, 209-15 
of gases and liquids, 216-20 

molarity (M), 224 
mole, the, 209-15 

and titrations, 221—6 
molecular formula, 212 
molecular ion, see parent ion 
molecular models, 95 
molecular orbital theory, 87-94 

compared with valence bond theory, 94 
molecular shapes, see shapes of molecules 
molecular speeds, 202—3 
molecularity, 490 
molecules, sizes of, 188-92 
monotropy, 335 

Moon, age of, 43 " 

n to m* transitions, and UV spectroscopy, 147 
n-type semiconductors, 124—5 
naming compounds, system for, 237-8 
Nernst equation, 400 
neutralisation and titrations, 455-8 
neutron, discovery of, 15-16 
neutron diffraction, 172 
nickel, extraction of, 520 
nitrate ion, bonding in, 80-1 
nitric acid manufacture, 510-11 
nitrogen dioxide—nitrogen tetraoxide equilibrium, 315 
nitrogen molecule, bonding in, 78-9 
nitrogen monoxide, bonding in, 98 



nitrogen trichloride, bonding in, 78—9 
nitrogen trifluoride, molecular shape, 98 
2- and 4-nitrophenol, hydrogen bonding in, 120 
n.m.r., see nuclear magnetic resonance 
noble gases, boiling points, 118 
noble metals, extraction of, 518 
non-aqueous solvents, 440 

non-bonding electrons, see lone pairs of electrons 
non-ideal gases, 195-8 
non-ideal solutions, deviations from ideal behaviour, 

356-7 
non-spontaneous changes, 285 

and free energy, 292 
nuclear accidents, 25, 36—7 
nuclear energy, 34—40 
nuclear magnetic resonance (n.m.r.), 157—60 

number of protons in a molecule, 158—9 
nuclear reactions, 25—6 
nuclear reactors, 35—7 
nuclear spins, 157 
nuclear weapons, 38—40 
nucleons, 17 
nucleus, discovery of, 13—14 

oil, origin of, 525 
oil industry, 525-9 
orbitals, 59-63 

in complex atoms, energy of, 66—7 

filling with electrons, 67—70 
and probability density, 60—3 
Schrodinger’s theory, 59—60 

osmosis, 382—4 
osmotic pressure, measurement of, 382 

Ostwald’s dilution law, 435, 449 
overlap of orbitals, 77, 87 
overpotential, 408 
oxidation, 234, 239 

in electrolysis, 427 
oxidation numbers, 234—42 

rules for assigning, 237 
oxidation states, 237-42 
oxoanions 

bonding in, 80-1 
shapes, 80 

oxygen 
allotropes, 337 
bonding in, 78-9, 90-1 
molecular orbital theory, 90-1 

oxygen-18, use in ester hydrolysis, 44 
ozone, see trioxygen 
ozone layer, destruction of, 489 

p-type semiconductors, 125 
packing of atoms in a crystal, 174-8 
paint, 133 
pairing energy, 68 
paper chromatography, 328 
parent ion, 165 
partially miscible liquids, 355, 358-60 
partition coefficient, 363 
partition law, 363 

Pauli’s exclusion principle, 67—8 
pentanal, vibrational spectrum, 152 
percentage composition, 213 
perovskite, crystal structure, 184 
pH 

and cells, 404 
and ionic product of water, 444 
of a weak acid, 450 

phase diagrams, 323-6 
phenolphthalein, colour changes, 457 
phosphate(v) ion, bonding in, 80-1 
phosphorus, allotropes, 336 
phosphorus pentachloride, molecular shape, 99 
phosphorus trichloride, bonding in, 78-9 
photons, and light, 12, 54-7 
pi (%) orbitals, 88—90 

pi (1) to 1* transitions, and UV spectroscopy, 146 
pK,, 445 
pK,, 449 
pX,,, and colour changes of indicators, 457 
Planck’s constant, 11 
Planck’s equation, 11 
plum pudding model of the atom, 13 
plutonium | 

in nuclear reactors, 35 
in nuclear weapons, 39 

poisoning of catalysts, 491 

polar bonds, 107—12 
polar molecules, 107—12 

and dipole moments, 108-10 
polarisability, 111 

and intermolecular forces, 114 
polymorphism, 335-9 
positron, 25 
potassium chromate(v1), indicator in silver nitrate 

titrations, 230 
potential energy curve, 130 
powder photographs, in X-ray diffraction, 170-1 
precipitates, and solubility products, 376 
pressure changes, measuring rates of, 474 

pressure of an ideal gas, 201 
pressurised water reactor, 36 
principal quantum number (7), 59 
probability density, and orbitals, 60—3 
propagation, in free radical reactions, 489 

propanone, vibrational spectrum, 153 
proteins, hydrogen bonding in, 120 
protons 

comparison with neutrons and electrons, 16 
discovery of, 14-15 

quantisation, 7 
of charge, 7 

quantum, of energy, 12 
quantum numbers, 46—7, 59, 63 
quenching, 473 

R, values, 328-30 
radiation 

penetrating power, 24—5 

properties, 24—5 
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radioactive decay, 28—33 
radioactivity, 23—7 

applications, 41—5 
radiocarbon dating, 42-3 
radium, discovery of, 24 
radius of an atom, 14 
radius ratio rules, 184—5 
Raoult’s law 

and deviations from ideal behaviour, 357 
and ideal solutions, 355 
and vapour pressure of solutions, 387 

rate constant 
defined, 465 
units, 480 

rate laws, 480-6 
determination, 481—5 
mathematics of, 482-3 

rates of reactions, 459-64 
measurement of, 471-9 
summary of factors involved, 461 
theories of, 465-70 

reaction kinetics, see rates of reactions 
reaction mechanisms, 487—94 
real and ideal gases, 193-9 
redox charts, 420—5 
redox potentials, 415—19 
redox reactions, predicting from redox potentials, 416 
redox titrations, 227—30 

using electrochemical cells, 417-18 
reduction, 234, 239 

in electrolysis, 427 
re-forming, catalytic, 526—7 
relative atomic mass, 18 
relative molecular mass, 18 
relative permittivity, and solubility, 349 
reprocessing, of fuel rods, 37 
resonance hybrids, 80-1 
resonance stabilisation, 80-1 
resonance structures, 80—1 

reversible and irreversible changes, 285 
reversible and non-reversible changes, and entropy 

changes, 285—7 
rock salt (NaCl), crystal structure, 182 
root mean square speed, of gas molecules, 202 
rotation of polarised light, measuring rates of, 474 
rotational spectroscopy, 136—8 
rusting of iron, 409 

prevention of, 409-10 
rutile (TiO,), crystal structure, 183 
Rydberg constant, 51 

salt bridges, 393 
salt hydrolysis, 455 
saturated solutions, 347—8 
Schrodinger’s equation, 58—9 
Schrodinger’s theory of the atom, 58-65 
scintillation counter, 28 
sea of electrons model, 126—7 
second law of thermodynamics, 534 
second-order rate law, 480 
selection rules, 140 

566 Subject Index 

selective discharge of ions, 428 
semiconductors, 123-6 
semipermeable membrane, 382 
seven crystal systems, 179 
shapes of molecules, 95-100 
shapes of s, p and d orbitals, 61-4 
S.H.E., see standard hydrogen electrode 
shells of electrons, 69, 72 
shielding 

of nuclei by electrons, 71 
of protons, 158 

sigma (0) orbitals, 87-90 
silver halides, lattice energies, 263 
silver iodide, bonding in and lattice energy, 266—7 
silver nitrate titrations, 230 
silver oxide—zinc cell, 395 
simple cubic packing, 176 
sizes of atoms, ions and molecules, 188-92 
smelting, of alumina, 522 
Syl reactions, 491 

Sy2 reactions, 490 

sodium, extraction of, 521 
sodium chloride 

bonding in, 101—2 
electron density pattern, 101 

sodium hydroxide, manufacture of, 512-13 
solids, liquids and gases 

comparison of entropies, 282 

properties compared, 129-30 
sols, 132-3 
solubility 

calculation from solubility products, 373 
explanation of, 349-54 
salts in water, 345-8 
variation with temperature, 345-6 

and volume changes, 352 
solubility product, 373-8 

and equilibrium, 373 
of sulphides, 376 

Solvay process, see ammonia—soda process 
solvent extraction, 362 
spectroscopy, 136—41 

speed, of gas molecules, 202—3 
spin quantum number (m,), 63 
spin states, 157 
spin-spin coupling, 158 
spins of electrons, parallel, 67—8 
spinthariscope, 28 
spontaneous changes, 285—6 

and free energy, 292 
and non-spontaneous changes, 294 

S.t.p., see standard temperature and pressure 
standard electrode potentials, 390-1 

and half-cells, 39 1—2 
standard enthalpies, 252-8 
standard entropies, 288 
standard free energies, 293 

standard hydrogen electrode (S.H.E.), 390 
standard redox potentials, 415 
standard solutions, 223 
standard states, and enthalpy changes, 248 



standard temperature and pressure, 194 
state functions, and enthalpy changes, 249 
states of matter, 128-35 
stationary phase in chromatography, 327 
stationary states, 48—9 
statistical entropy, 280 
steam distillation, 371 
steric factor, 465 
steric hindrance, 461 
stopped flow, 476 
strengths of acids, explanation of, 446-8 
strong and weak acids, 443—54 
strontium, mass spectrum, 164 
strontium bromide, mass spectrum, 163 
sublimation curve, and phase diagrams, 324 
substrate, in enzyme reactions, 491 
sulphate ion, bonding in, 80-1 
sulphide ores, reduction, 519-20 
sulphur 

allotropes, 336 
phase diagram, 324 
rhombic and monoclinic, 336 

sulphur hexafluoride, molecular shape, 99 
sulphuric acid, manufacture of, 506—8 
supercooling, 341 
supersaturated solutions, 347—8 
surface area, influence on rates, 461—2 

tautomers, 488 

temperature 

of a gas, 201 
influence on rates, 461—2 
Kelvin scale, 194 

temperature jump, 476 
termination, in free radical reactions, 489 
tetraamminecopper(m) ion 

bonding in, 85 
visible spectrum, 145 

tetraaquocopper(i) ion 

structure, 144 
visible spectrum, 144 

tetrachloromethane, molecular shape, 98 
tetramethylsilane (TMS), 158 
thin layer chromatography, 330 
thiosulphate—acid reaction, rate of reaction, 

473 

thiosulphate ions, in iodine titrations, 229 
third law of thermodynamics, 288, 534 
tin, allotropes, 336 
titrations, 221—6 

different types, 227—33 
determining formulae of chlorides, 231 

TMS, see tetramethylsilane 
tracer experiments, 43—4 
transition state region, 467 
transition state theory, 467-8 
transition temperature, 335 
transitions between energy levels, 49 
translational energy, 138 
triiodide ions, in iodine titrations, 229 
trioxygen (ozone), and allotropy, 337 

triple point, and phase diagrams, 324 
Trouton’s rule, 289 
Tyndall effect, 132 

ultraviolet spectroscopy, 146-8 
uncertainty principle, see Heisenberg’s uncertainty 

principle 
unit cells, 179-87 

calculating dimensions, 186 
counting atoms in a cell, 185-6 

upper consolute temperature, 358 

uranium 
and discovery of radioactivity, 23 
in nuclear reactors, 35 

uranium-235 decay scheme, 32 
uranium-235 and uranium-238, separation, 207 
uranium-238 decay scheme, 32 

vacuum distillation, 370 
valence bands, 122-3 
valence bond theory, 77—83 
valence electrons, 78 
van der Waals equation, 195-8 
van der Waals forces, 113 
van der Waals radii, 189-90 
vanadium, oxidation states, 424 
vapour pressure 

influence of solute, 379 
of liquid mixtures, 355-7, 365-71 

vapour pressure curve, and phase diagrams, 
52> 

variable costs, in the chemical industry, 499 
vibrational spectroscopy, 136, 149-56 
Victor Meyer apparatus, 219 
virial equation, 198 
visible spectroscopy, 142—5 

and vibrations, 144—5 
visible/UV spectrometers, 143 

water 
bonding, 78—9 
electrolysis, 428 
hydrogen bonding in, 117, 119 
molecular shape, 96 
phase diagram, 323—4 
as a solvent, 345-50 
vapour pressure, influence of solute, 379 

water of crystallisation, 346-7 
wave-particle duality, 56 
wavefunctions, 58—9 

Born’s interpretation, 60 

wavenumber, 149 
waves and particles compared, 54—7 
work 

and internal energy, 276 
and free energy, 292 

wurtzite (ZnS), crystal structure, 183 

X-ray diffraction, 168-73 

xenon tetrafluoride, molecular shape, 99 
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Zartman’s experiments, 202—3 zeroth-order reactions, 484 
zeroth law of thermodynamics, 534 zinc, extraction of, 520 
zeroth-order rate law, 480 zinc blende (ZnS), crystal structure, 182 
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Arrhenius, Svante, 465 

Aston, Fi’ W., 14, 161 

Avogadro, Amadeo, 205 

Balmer, Johannes, 51 

Becquerel, Henri, 23 
Berzelius, Jons, 3 

Bodenstein, Max, 320 

Bohr, Niels, 46 

Boltzmann, Ludwig, 201, 280 
Born, Max, 60 

Boyle, Robert, 3, 194 
Bragg, Sir Lawrence, 54, 169, 177 
Bragg, Sir William Henry, 169 
Bronsted, J. N., 440 

Brown, Robert, 129 

Chadwick, James, 15 

hanes, JA. Gi, 193 

Compton, A. H., 54 

Curie, Eve, 24 

Curie, Irene and F. Joliot, 25 

Curie, Marie, 23 

@une Pierre, 27, 34 

Dalton, John, 3, 200, 205 

Davisson, C. and Germer, L. H. 54 

Davy, Humphry, 3 
Debye, P. and Scherrer, P., 170 
Democritus, 3 

Einstein, Albert, 19 
Ellingham, H. J. T., 295 

Fajans, K., 111 
Faraday, Michael, 6, 430 

Gay-Lussac,.J. L., 193, 205 
Geiger, H. and Marsden, E., 13 
Guldberg, C. M. and Waage, P., 304 

Haber, Fritz, 508 
Heisenberg, Werner, 63 

Index of names 

Henry, William, 359 
Hess, Ga, 250 
Hodgkin, Dorothy, 172 

Kohlrausch, Friedrich, 435 

Lavoisier, Antoine, 439 
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Lewis, G. N., 441 

London, Fritz, 114 

Maxwell, James Clerk, 46, 203 

Meyer, Victor, 219 

Millikan, R. A., 6 

Moseley, H. Gi J.,..15 

Nernst, W., 400 

Ostwald, Wilhelm, 435 

Paneth, F., 487 
Pauli, Wolfgang, 67 
Pauling, Linus, 190 
Perrin, Jean, 129 

Planck, Max, 11 
Prout, William, 3 

Schrodinger, Erwin, 58 
Seaborg, G. T., 26 
Stoney, Johnston, 6 

Taylor, G. I., 54 
Thomson, Sir J. J., 6, 13 

van der Waals, J. H., 195 
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Advanced Chemistry is an approachable, up-to-date textbook which has 
been written to appedl directly to A-level chemistry students. It covers the 
syllabuses of all the main examining boards offering A-level chemistry, and 
also contains material suitable for students studying for S-level. The author 
places the subject in context by discussing the nature and, where relevant, 
the economics of the chemical industry and the wider implications and appli- 
cations of chemistry. 

The material is divided into two volumes: Book 1 covers physical and indus- 
trial chemistry, Book 2 deals with inorganic and organic chemistry. Each 
book is divided into short self-contained units each of which develops a set of 
well-defined themes or concepts. Students may work through the units in 
order or individual units may be used separately. Each unit is divided into 
sections, with short questions at the end of each section which may be used 
by students as a means of self-assessment. More extensive questions on the 

_ physical and industrial chemistry sections are given at the end of the book. 
These may be used to provide material for assignments in the classroom and 
at home, and to provide students with practice in answering examination 
questions. f 

i / 

‘The Units in Book 1 are grouped as follows: 

units 1-23 deal with building blocks: electrons, atoms, molecules, radio- 
activity and bonding, 

units 24-32 deal with physical techniques: spectroscopy, nuclear magnetic 
resonance, spectrometry and crystallography, 

units 33-8] deal with organising principles in chemistry, particularly reaction 
kinetics and thermodynamics and their accompanying physical techniques, 

| { 
units 82-86 deal with chemical industry, various important industrial pro- 
cesses, metal extraction and the oil industry. | 
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