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Pretice 

THIS book is intended to provide a thorough introduction to physical 
chemistry and to arouse a student’s interest in the subject. Its contents are 
based mainly on the requirements of such examinations as the G.C.E. (A 
and S levels), 1st M.B. and university scholarship examinations. 

The minimum treatment of a topic, such as is required for the A level 
examination, has, generally, been extended to try to make the topic as 
relevant as possible. At points of special interest or significance, the dis- 
cussion is taken beyond intermediate examination requirements. The aim 
has been to try to give, at a reasonably elementary level, as complete a 
picture of modern physical chemistry as possible. 

The presentation is in numbered sections so that particular topics can 
be omitted or re-arranged to suit individual requirements, and it is hoped 
that the book, by selective use, may be of value to the rather weak A-level 
candidate, to the open scholarship winner, to first-year undergraduates, 
and to students in technical colleges. A very wide range of questions, 
totalling more than 750, is provided. 
What might be called routine physical chemistry, based essentially on 

nineteenth-century discoveries, is adequately dealt with, but a more 
modern outlook is super-imposed by a simple treatment of such topics as 
atomic structure, atomic energy, chemical bonding, activation energy, 

reaction mechanisms and simple thermodynamics. 

An attempt has been made to blend the old with the new, and the ele- 

mentary with the advanced, to give a picture of simple physical chemistry 

both in its growth and development and in its present-day form. 

Note to second (SI) edition 

THE units in this edition have been changed into SI units (see Summary on 

p. 552), and the naming of chemicals has been brought up-to-date. Some 

mild compromise has been necessary to try to meet the different recom- 

mendations of various authoritative bodies. 

The opportunity has been taken to make some other relatively minor 

alterations and improvements. The pagination remains essentially the 

same. 
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Chapter 1 

Fundamental laws 

1. Laws. Hypotheses. Theories. The first aim of a scientist, when investigat- 

ing any problem, is to discover the facts, and this is usually done by carry- 

ing out experiments. If a large number of experiments all give similar 

results it is possible to summarise the results into a single statement, which 

is then known as a law. A Jaw is a concise statement summarising the results 
of a large number of separate experiments all leading to the same con- 

clusion. 

Once a law has been enunciated, and checked by further experimental 

-work, efforts are made to account for the law, or explain the facts sum- 

marised in the law. This is done by putting forward a hypothesis, which is 

an idea, or a collection of ideas, able to account for the facts. These first 

ideas are generally somewhat tentative, but if they become widely accepted 

as true, after consideration, discussion and modification, they are then 
restated in what is called a theory. 

Finally, if a theory can be built up which effectively accounts for a 

variety of facts, it is often possible to use it to predict some new experi- 

mental results or facts. The theory can then be used and developed. 

The early history of chemistry depended almost entirely on the process 

of discovering experimental laws, and then devising hypotheses and 

theories to account for them. Chemical theory rests very heavily on the 

atomic theory, the molecular theory, the kinetic theory and the ionic 

theory, and all these important theories had an experimental background 

as is indicated in the following very broad summary. 

1799 Law of Constant Composition (Proust) 
1803 Law of Multiple Proportions (Dalton) 
1792 Law of Reciprocal Proportions (Richter) 

—— > Dalton’s Atomic 

1774 Law of Conservation of Mass (Lavoisier) 

| Theory (1807) 

1808 Gay-Lussac’s Law of , Avogadro’s hypothesis, 
Combining Volumes i.e. Molecular Theory 

1662 Boyle’s Law 
1787 Charles’s Law —-> Kinetic Theory 
1846 Graham’s Law of Diffusion 

1834 Faraday’s Laws (and the results of other Tonic Theory 
electrical measurements) 

The laws in the first group of four are referred to as the Laws of Chemical 

Combination, whilst those in the second group of four are known as the 

Gas Laws. Many other chemical laws and theories are known, but those 

listed above are all of quite fundamental importance. 

2. Law of conservation of mass. This law, usually attributed to Lavoisier in 

1774, is commonly expressed in the statement that matter is neither created 

nor destroyed in the course of a chemical reaction. 
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The general idea behind the law had been expressed by Greek philosophers such 
as Anaxagoras (c. 450 B.c.), Lucretius (98-54 B.c.) and Plato (427-347 B.C.), and 
by Bacon (1561-1626), Boyle (1627-1691) and Jean Rey (1630), the last-named 
choosing the descriptive passage—‘The mass with which each portion of matter 
was endowed at the cradle, will be carried by it to the grave’—to state the law. 
Lavoisier, however, was the first person to make any serious attempt to test the 
truth of the law experimentally. 

The law means that the chemicals taking part in a chemical reaction have 
just the same mass both before and after the reaction has taken place. 

Proving the law involves the accurate measurement of the 
masses of chemicals before and after reaction, and such ex- 
perimental work has been carried out mainly by Landolt 
(1831-1901), using a Landolt tube (Fig. 1). He sealed 
solutions which, when mixed, would react together, in 

= = the limbs of the tube, and the mass of the tube was then 
measured. It was then upturned so that the two solutions 

Fic.1.Landolt could mix, and, when the reaction was complete and the 
tube. tube had retained its original.temperature, the new mass 
was measured. The first and second masses were found to be identical 
within the severe limits of experimental error. Landolt carried out this 
experiment with fifteen pairs of solutions, choosing pairs which reacted 
with small heat changes. Typical reactions used were: 

a. Hydriodic acid and iodic(v) acid solutions, which react to give iodine, a reaction 
which is made use of in volumetric analysis, 

5I-(aq) + 103 (aq) + 6H*(aq) ——> 31,(s) + 3H,0() 
b. Sodium sulphate(1v)* and iodine solutions, which react to give hydrogen iodide and sodium sulphate(v1), the iodine reacting as an oxidising agent, 

SO,’~(aq) + I, + H,0() ——> SO,?-(aq) + 2H*(aq) + 2I-(aq) 
Landolt determined the maximum experimental error by carrying out a series of blank experiments in which tubes containing liquids or solutions which did not interact were used. The maximum change in mass recorded on mixing the solutions was 30 ug. This change was detected in an original total mass of about 350 g, giving an experimental error of less than 1 part in 10000000, In forty-eight experiments, based on the fifteen pairs of solutions which did interact, Landolt found an average change in mass of 12 ug. There was an increase in mass in twenty-three experiments and a decrease in twenty-five. In only two experiments did the change in mass exceed 50 ug. 
Landolt concluded that ‘the final result of the whole investigation is that in all the fifteen decompositions involved it has not been possible to establish a change of mass. The observed deviations from absolute equality before and after re- action are due to external physical causes and are not the result of chemical reactions.’ 

* Sulphate(1v) is used to replace sulphite. The older sulphate name becomes sulphate(v1). Similarly nitrite becomes nitrate(im) and nitrate becomes nitrate(v). 
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Manley, in 1912, achieved even greater accuracy than Landolt and showed that 
any change in mass in the reaction between barium chloride and sodium sul- 
phate(v1) solutions must be less than 1 part in 100000000. 

The validity of the law of conservation of mass is, of course, assumed whenever 
a qualitative chemical experiment is carried out. 

3. Mass and energy. Neither Landolt nor Manley, however, were able to 

investigate any reaction which involved any great evolution of heat or 

light. It is now thought that if a reaction involving a large evolution of heat 

could be studied, and if a sensitive enough balance were available (which it 

isn’t), a small decrease in mass would be discernible as a result of a chemical 

reaction. This is because it is now known that matter can, in fact, be con- 

verted into energy. 

That this might be possible was first suggested by Einstein as part of his 

theory of relativity. He predicted, theoretically, that matter and energy 

were related by the expression ‘ 

Energy = Mass x (Velocity of light)? 
Ea m Se c 

(in joules) (in kilogrammes) (2.997925 x 10*ms~?)? 

and since Einstein’s theoretical prediction this relationship has been 

shown to be true experimentally (p. 148). 

The large value of c, and the correspondingly larger value of c?, mean 

that it is possible to obtain a large amount of energy from very little mass. 

Thus 1 g of matter would yield about 30.55 x 10° kilowatts of electricity, or 

would produce as much energy as 4.2 x 10° kg of fuel oil. 

The foregoing statements presuppose a complete conversion of matter 

into energy, and it is not generally possible to bring about such a complete 

conversion. A partial conversion of some matter into energy is brought 

about, however, in an atomic pile (p. 151) or an atomic bomb (p. 150), or, 

on a smaller scale, in any chemical reaction which gives out energy in the 

form of heat or light or electricity. 

Because the quantitative relationship between mass and energy is 

known, it is possible to calculate how much energy is obtainable from a 

given amount of matter, and vice versa. Such calculations show that the 

energy liberated in any ordinary chemical reaction requires a conversion of 

only about 100 x 10~?? kg of matter into energy. Such a small change of 

mass cannot, of course, be detected on any chemical balance, and for 

ordinary chemical reactions the slight conversion of mass into energy, 

which may take place, results in an unimportant change in mass which 

cannot be detected on a balance. 
Whilst, therefore, the change in mass which might take place during a 

chemical reaction is of no significance when the ordinary gravimetric 

(mass) aspects of a reaction are being studied, or when the ordinary 
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methods of chemical analysis are being applied, it is of great importance in 
atomic energy considerations (p. 149). 

The idea of matter being converted into energy under certain conditions 
can be replaced by regarding matter as a form of energy. Jeans, for 
example, described matter as ‘bottled energy’. In some changes, a little of 
the energy may be released, but the sum total of matter plus energy in any 
isolated system is always constant. The law of conservation of mass can, 
therefore, be expressed with absolute precision if it is regarded as a law of 
conservation of mass plus energy, and this can be expressed in the state- 
ment that the sum of the quantity of matter and energy in an isolated system 
is always constant. 

4. Law of constant composition or definite proportions. This law states that 
all pure samples of the same chemical compound contain the same elements 
combined together in the same proportions by mass. It means that pure 
specimens of a compound, no matter how, or where, or when, or by whom 
they are made will always have identical compositions. 

The law was first stated by Proust in 1799, and subsequently verified, mainly by 
Stas, in 1865. Stas obtained silver in a variety of ways, e.g. by electrolysis of 
silver cyanate (AgCNO) or by reducin g silver nitrate(v) using milk-sugar (maltose, C,2H»220;;), and then converted the various samples of silver into silver chloride. 
He did this either by direct reaction at red heat with chlorine, or by treating the silver with nitric(v) acid and then precipitating silver chloride by adding hydrogen 
chloride gas, hydrochloric acid or ammonium chloride solution. In all cases he obtained the same mass of pure silver chloride from equal masses of silver, the accuracy being of the order of 1 part in 100000. 

In a school laboratory, the law of constant composition is most con- 
veniently illustrated by making various samples of copper() oxide and by 
determining the percentage of copper they each contain by reducing the 
oxides to copper in a stream of hydrogen. The copper(m) oxide samples can 
be made, for example, by (a) heating powdered copper in oxygen; (5) treat- 
ing copper with concentrated nitric(v) acid, and heating the resulting 
copper(m) nitrate(v); (c) heating copper(m) carbonate; or (d) precipitating 
copper(m) hydroxide and heating it. 

Before Stas’s work, Berthollet, who followed Lavoisier as the leading 
French chemist, severely criticised Proust’s enunciation of the law of con- 
stant composition, but these criticisms are now known to have been based 
on inaccurate analyses of impure substances and on imprecise distinctions 
between mixtures, compounds and solutions. In particular, Berthollet 
suggested that lead and oxygen could combine in almost any proportions, but such suggestions were due to the fact that he was making and analysing 
mixtures of the various definite compounds which are now known to be formed between lead and oxygen. 

The controversy which ensued between Proust and Berthollet ended, 
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mainly, in Proust’s favour, and did, at least, establish clearer ideas as to 
the differences between mixtures and compounds. As so often happens, 
however, Berthollet’s views were not entirely wrong, even though they 
were, at the time, based on false evidence. For, nowadays, it is recognised 
that the composition of some compounds is variable. Such compounds are 
known as Berthollide compounds and are said to be non-stoichiometric, 
Stoichiometry being a rather old-fashioned word for that part of chemistry 
which deals with the gravimetric or volumetric composition of substances. 
Various examples of such non-stoichiometric compounds are given on 
p. 212. 

The discovery of isotopes (p. 85) also has led to the realisation that two 
samples of the same compound, which appear to be chemically alike, may 
contain different isotopes of the same element and, in consequence, have 
different percentage compositions. 

5. Law of multiple proportions. This law states that when two elements 
A and B combine together to form more than one compound the several 
masses of A which combine with a fixed mass of B are in a simple 
ratio. 

The law was first put forward by Dalton in 1803, during the time in 
which he was developing his atomic theory. At first, it was, essentially, a 
hypothesis and not a summarised statement of experimental results, but, to 
test the hypothesis, Dalton investigated existing experimental results and 
obtained new ones. All the available evidence supported the statement 
made. 

The law means that if, in one compound between A and B, 10 g of A 
are combined with 25 g of B, then, in any other compound between A and 
B, the mass of A combining with 25 g of B will always be some simple 
multiple of 10, i.e. 5, 10, 20... g. 

The early proof of the law depended largely on the analysis of such com- 

pounds as the two oxides of carbon (analysed by Lavoisier), dinitrogen 

and nitrogen oxides (analysed by Davy) and methane and ethane (analysed 

by Dalton). But the law became more firmly established as a result of 

Berzelius’s analysis of iron(m) sulphide and iron pyrites, of the oxides of 

iron, copper, lead and sulphur, and of the chlorides of copper. 

In a school laboratory it is most convenient to use the two oxides of 

copper, and to analyse them byreduction with hydrogen. It will be found that 

in copper(m) oxide (black copper oxide) 31.8 g of copper are combined 

with 8 g of oxygen, whilst in copper(1) oxide (red copper oxide) 63.6 g of 

copper are combined with 8 g of oxygen. The ratio 31.8:63.6, i.e. 1:2, is 
simple. 

Because carbon forms such a very wide range of compounds the law of 

multiple proportions does not apply to such compounds, unless the 

meaning of the term simple ratio is severely strained. 
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6. Law of reciprocal proportions. The law of constant composition deals 

only with chemical combination between two elements to form one com- 

pound. The law of multiple proportions extends the picture by dealing 

with chemical combination between two elements to form more than one 

compound. The law of reciprocal proportions deals with the situation 
existing when more than two elements combine between themselves. 

Hydrogen will combine with oxygen, for example, to form water, and 

with chlorine to form hydrogen chloride. Oxygen will also combine with 

chlorine to form an explosive gas called chlorine dioxide, ClO,. In a more 

complicated example, copper, sulphur and oxygen will combine to form 

copper(I) and copper(m) oxides, copper(1) and copper(m) sulphides, sulphur 

dioxide and trioxide and copper(m) and copper(1) sulphates(v1). 

Combination between elements is, in fact, very extensive and varied, and 
accounts for the very large number of compounds which can be formed. 
Analysis of such compounds shows that there is a connection between the 
masses of the elements combining together, and the nature of this connec- 
tion was first stated by Richter, in 1792, as the law of reciprocal propor- 
tions. This states that the masses of A, B, C, etc., which combine separately 
with some fixed mass of another element, are the masses in which A, B, C, etc., 
will combine with each other, or simple multiples of them. 

7. Law of equivalents. The laws of constant composition and multiple 
proportions, and particularly the law of reciprocal proportions led, 
historically, to the important conception of combining or equivalent 
masses. If each element is allotted a number, or numbers, known as its 
combining or equivalent mass, or masses, the three laws just mentioned 
can all be brought into the general statement that elements always combine 
together in the ratio of their combining or equivalent masses. This statement 
is known as the law of equivalents. 

The combining or equivalent masses of an element are, clearly, very 
important numerical values, for they control, numerically, the way in 
which elements will combine. The equivalent of one element will combine 
with the equivalent of another, if they combine at'all. 

In deciding to allot numerical values for the combining or equivalent 
masses of each element it is simply a matter of choosing, arbitrarily, a 
fixed mass of some element or other against which to measure, experi- 
mentally, the combining or equivalent masses of all other elements. Any 
mass of any element could be chosen; modern practice, decided by the 
International Committee on Relative Atomic Masses, is to take 8 parts by 
mass of oxygen. 

On this basis, the equivalent mass of an element is defined as the number 
of parts by mass of the element which will combine with (or replace) 8 parts 
by mass of oxygen. 

It is important to realise that the choice of 8 parts by mass of oxygen is 
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arbitrary. At one time, Berzelius used 100 parts by mass of oxygen as the 
standard, but this gave clumsily high equivalent masses for many elements. 
Thomson used 1 part by mass of oxygen, but, on this scale, some elements 
had fractional equivalent masses. 

Hydrogen has the smallest of all equivalent masses, and, for that reason, 
it was, for some time, accepted as the standard, 1 part by mass of hydrogen 
being chosen. For some time, too, it was thought that 1 part by mass of 
hydrogen combined with 8 parts by mass of oxygen, so that accepting 
1 part by mass of hydrogen as the standard was the same as accepting 
8 parts by mass of oxygen. On a financial analogy it is the same thing as 

saying that an article is valued at £1 or 100 new pence. 

More accurate experiments showed, however, that it is 1.0080 g of 

hydrogen (and not 1 g) which combines with 8.0000 g of oxygen, so that 

the definition of equivalent mass in terms of 1 part by mass of hydrogen is 

not exactly the same as the definition in terms of 8 parts by mass of oxygen. 

For approximate work, there is no significant difference, but, for accurate 
work, a choice had to be made between the hydrogen scale and the oxgyen 

scale. 1.0080 parts by mass of hydrogen could have been accepted as 

the standard, but 8.0000 parts by mass of oxygen was, in the end, univers- 

ally accepted, mainly because many more elements will form more stable 

compounds with oxygen than with hydrogen, thereby facilitating direct 

measurements of equivalent masses on the oxygen scale. 

The equivalent mass of hydrogen is 1.0080 because this is found, 

experimentally, to be the mass (in grammes) of hydrogen which combines 

with 8.0000 of oxygen. Similarly the equivalent mass of chlorine is 

35.457 because this is the mass of chlorine which will combine with 
8.0000 g of oxygen. By the law of equivalents it follows that hydrogen and 

chlorine will combine in the ratio of 1.0080 g to 35.457 g, if they combine 

at all. Thus 

1.0080 gramme 
of hydrogen 

8.0000 gramme 
of oxygen 

35.457 gramme 
of chlorine 

or, more generally, 

8.0000 gramme 1.0080 gramme 
of oxygen - corer ocd ra of hydrogen 

Equivalent (in gramme ) ian Equivalent (in gramme ) 
of B of A 
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The experimental measurement of the equivalents of elements is dealt 
with on pages 10-15. 

QUESTIONS ON CHAPTER 1 

1, ‘It is, I think amongst our own countrymen that we discover the fathers of 
chemical philosophy; for Bacon, Boyle, Hooke and Newton present unequivocal 
claims to that distinctive title.’ What are the claims of the four scientists men- 
tioned? : 

2. ‘Chemistry is a French science. Its founder was Lavoisier of immortal 
memory.’ What was Lavoisier’s contribution to chemical development? 

3. The word ‘law’ is used in many different ways. Illustrate the different mean- 
ings it may have. 

4. ‘In no walk of life is it possible to get something for nothing.’ Comment. 
5. Explain the importance of (a) the law of conservation of mass, (5) the law of 

constant composition, to someone who has no knowledge of science. 
6. Suggest ten pairs of solutions which could be used in Landolt’s experiment. 

Choose pairs as widely different as possible, and write equations for the reactions 
they undergo. 

7. If 57.060 kJ are evolved when 1 dm* of M hydrochloric acid is neutralised by 
1 dm? of sodium hydroxide solution, what loss in mass takes place? 

8. If a complete conversion of matter into energy could be achieved what mass 
of matter would be required to raise the temperature of 1000 kg of water by 
50K? 

9. If the relative atomic mass of helium is 4.0039 and that of deuterium 2.0147, 
how many joules would be evolved if 1 mol of helium could be formed by 
fusing deuterium atoms into helium atoms? 

10. Approximately how many kilogrammes of water could be converted into 
steam if the total heat energy available from 1 kg of matter could be used? 

11. Calculate the energy equivalent of 1 g of matter in (a) joules, (5) calories, 
(c) MeV, (d) kilowatt-hours. 

12. How is it possible to distinguish between a mixture and a compound? To 
what extent is it true to say that a substance which has a definite, fixed com- 
position must be a compound? 

13. The masses of various metallic oxides which neutralise a constant mass of 
any one acid contain the same mass of oxygen. Illustrate this statement. 

14. Give a definition of a chemical compound. Criticise the definition you give. 
15. A definite compound always contains the same elements in the same pro- 

portions. Is this statement valid? 
16. On heating 4.5087 g of potassium chlorate(v), 2.7379 g of chloride remain. On heating 6.6672 g of potassium chlorate(vm), 3.5860 g of chloride remain. Do these figures support the law of multiple proportions? 
17. 10.00 g of lead yield 10.78 g of litharge. 4.870 g of lead(tv) oxide yield 4.545 g of litharge. Do these figures support the law of multiple proportions ? 18. On decomposing 5.62690 g of dinitrogen oxide by heating an iron spiral in it, 3.58150 g of nitrogen remain. On decomposing 2.93057 g of nitrogen oxide by reaction with finely divided nickel, 1.56229 g of oxygen are removed. Do these figures support the law of multiple proportions? 
19. 4.231 g of copper were dissolved in concentrated nitric(v) acid and, after evaporation to dryness, the residue was dissolved in hydrochloric acid. A strip of copper of mass 8.010 g was placed in the green solution, which slowly lost its 
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colour. When the colour had completely disappeared the mass of the strip of 
copper was found to be 3.824 g. Explain the reactions. Do the figures support the 
law of multiple proportions? 

20. Two hydrates of the same salt contain 10.17 per cent and 36.14 per cent of 
water. Do these figures illustrate the law of multiple proportions? 

21. State the law of multiple proportions. Three oxides of a metal, X, are found 
to contain 24.96, 29.95 and 49.95 per cent of oxygen respectively. Show by cal- 
culation that these results are in agreement with the law of multiple proportions. 
Given that the relative atomic mass of the element X is 47.9, deduce the simplest 
formula of these oxides. (O. Prelims.) 

22. The percentage compositions by mass of four compounds are (a) nitrogen, 
11.6, chlorine, 88.4, (b) nitrogen, 46.7, oxygen, 53.3, (c) oxygen, 22.2, iron, 77.8, 
(d) iron, 44.1, chlorine, 55.9. Show that these compositions are in accordance with 
the law of reciprocal proportions. (O. Schol.) 



Chapter 2 

Measurement of equivalent masses of elements 

ALL compounds contain elements chemically combined together, and 

values of the equivalent masses of the elements were of paramount im- 
portance when quantitative aspects of chemical combination were con- 

sidered. Moreover, as will be seen in Chapter 3, it was from experimental 

values of the equivalent masses of the elements that the relative atomic 

masses of most elements were originally derived. A great many methods 

of measuring equivalent masses have, therefore, been devised. The topic 

is, nowadays, of historical interest, for accurate values of the equivalent 

masses of all the common elements are well established, but much of the 

quantitative work of the last century was concerned with equivalent mass 

measurement, and some classical experiments were carried out in this field. 
Typical experimental procedures are outlined below. 

1, Equivalent mass of an element by synthesis of its oxide. In this method, 

a known mass of an element is completely converted into its oxide and the 

mass of the oxide is measured. The following (over-simplified) result may 
be obtained, 

10 g of element A —~> 14 g of oxide of A 

It follows that 10 g of A will combine with 4 g of oxygen, or that 20 g of 
A will combine with 8 g of oxygen. The equivalent of A is, therefore, 20. 

The experimental method used depends on the nature of A, particularly 
whether its oxide is a solid or a gas, and the main difficulty is in ensuring 
that a complete conversion to oxide is obtained. Typical methods are out- 
lined below. 

a. For calcium and magnesium. Both these reactive metals form solid oxides 
simply on strong heating in air in a crucible. Some nitride is also formed, but 
both this and any unchanged metal can be converted into the oxide by treatment 
with dilute nitric (v) acid and further heating. 

b. For magnesium, zinc, tin, lead and copper. A known mass of the metal is first 
converted into its nitrate(v) by treatment with concentrated nitric(v) acid. Sub- 
sequent heating decomposes the nitrate(v) into the oxide and the mass of this 
oxide can be measured. The reactions can be brought about in a crucible. 

c. For carbon and sulphur. The oxides formed by carbon and sulphur are gaseous. 
A known mass of the element is placed in a porcelain boat in a combustion tube, 
and the element is heated whilst excess oxygen is passed over. The carbon dioxide 
or sulphur dioxide formed is passed through weighed tubes containing potassium 
hydroxide. This absorbs any carbon or sulphur dioxide and the increase in the 
mass of the absorption tubes gives the mass of oxide formed. The loss in mass 
of the carbon or sulphur in the porcelain boat must be measured to find how 
much of the element has been converted into the oxide. 

2. Equivalent mass of hydrogen. Because of the early difficulties and 
differences caused by defining equivalent mass in relation to either hydro- 
gen or oxygen, the combining ratio between hydrogen and oxygen, i.e. the 
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gravimetric composition of water, was, historically, of great importance. 
It was not easy to measure accurately, mainly because both hydrogen and 
oxygen are gases. In principle, hydrogen and oxygen were combined to 
form water, but the measurement of the masses involved was difficult. 
The most notable experiments were those of Dumas (1842), Morley (1895), 
Noyes (1908) and Burt and Edgar (1915), 

a. Dumas’s method. Dumas passed a stream of pure dry hydrogen over a known 
mass of hot copper(m) oxide contained in a hard glass bulb. The hydrogen was 
passed for 10-12 hours, and the water formed was collected in a bulb connected 
to a variety of U-tubes containing drying agents such as anhydrous calcium 
chloride, solid potassium hydroxide, concentrated sulphuric(v1) acid soaked in 
pumice, or phosphorus(v) oxide. The increase in mass of the water-collecting 
‘unit’ gave the mass of water formed, and the decrease in mass of the copper(I) 
oxide gave the mass of oxygen contained in this amount of water. By subtraction, 
the mass of hydrogen in the water was obtained, but the mass of the hydrogen and 
the oxygen in the water formed were not measured directly. 

The result obtained by Dumas, as a mean of nineteen determinations, was that 
hydrogen and oxygen combined together in the ratio 1.002:8. This ratio was 
accepted for almost fifty years, though 1.002 is now known to be too low a figure. 

b. Morley’s method. Morley measured the mass of pure, dry hydrogen and oxygen 
in two separate glass globes and then led the two gases into an evacuated com- 
bustion tube, of known mass, where they were burnt at platinum jets by passing 
electric sparks between two adjacent electrodes. During the burning the tube 
was immersed in cold water and, afterwards, it was placed in a freezing mixture 
to convert the water formed inside the tube into ice. The mixture of gases re- 
maining uncombined within the tube was pumped out and analysed, and the 
masses of oxygen and hydrogen found were subtracted from the original masses 
of gases which had been led into the tube. The mass of ice formed in the tube 
was also measured. 

In this way, Morley found the masses of both the oxygen and hydrogen used 
and the water formed; the masses served to check each other. The mean of twelve 
results, according to Morley, was that hydrogen and oxygen combined in the 
ratio of 1.0076:8. 

c. Noyes’s method. Noyes passed pure, dry hydrogen into an evacuated tube 
containing palladium, which is able to absorb hydrogen. The mass of the palla- 
dium and the absorbed hydrogen was taken. The tube was now heated, and 
pure, dry oxygen was passed in, whereupon the oxygen and hydrogen reacted to 
form water, which was collected in a cooled tube. The mass of water formed was 
measured and the loss in mass of the palladium gave the mass of hydrogen 
contained in this water. The mass of oxygen in the water was obtained by sub- 
traction. Noyes’s ratio was 1.0078:8. 

d. Burt and Edgar’s method. Burt and Edgar adopted a different principle, for 
they measured the volumes of hydrogen and oxygen used, and converted these 
volumes into masses by using density values obtained by Morley in 1896. 

Carefully measured volumes of hydrogen and oxygen were led into an explo- 
sion vessel, where they were exploded by passing an electric spark. Excess hydro- 
gen was used, and the volume of hydrogen remaining after the explosion was 
measured by separating the gas from the water formed, by freezing. The result 
obtained was 1.0077:8. 
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3. Equivalent mass of an element by analysis of its oxide. This method is 

applicable if the oxide of an element can be reduced, fairly easily, to the 

element. For many metallic oxides this can be done by heating the oxide 

in a stream of hydrogen. 
If 1 g of the oxide yields 0,8 g of metal it follows that 0.8 g of metal has 

been combined with 0.2 g of oxygen in the oxide. This means that 32 g 

of metal combine with 8 g of oxygen, i.e. the equivalent of the metal is 

32. 

Dinitrogen and nitrogen oxides can be reduced by reaction with hot 

metals, and the mass of nitrogen obtained from a known mass of oxide 

gives the equivalent mass of nitrogen. 

A very accurate determination of the equivalent mass of nitrogen was carried 
out in this way by Gray in 1905. He obtained nitrogen oxide, containing nitrogen 
and other oxides of nitrogen, by reaction of ethanoic acid on a mixture of potas- 
sium nitrate(m) and potassium hexacyanoferrate(m) 

Fe(CN).‘~(aq) + NO2~(aq) + 2H*(aq) ——> Fe(CN).°- + NO(g) + H20(1) 

The nitrogen oxide was purified by cooling the mixture with liquid air and 
fractionating. 
Known masses of nitrogen oxide were then passed into a combustion bulb in 

which they were decomposed by hot, finely divided nickel in a porcelain boat. 
The increase in mass of the nickel gave the mass of oxygen in the original mass 

_ of nitrogen oxide, and the mass of nitrogen gas produced was measured by 
absorbing it on cold charcoal. 

In a typical series of experiments, 2.93057 g of nitrogen oxide was found to 
contain 1.56229 g of oxygen. The mass of nitrogen in the oxide was 1.36819 g 
by direct measurement, or 1.36828 g by difference, giving a mean of 1.36824 g. 
Taking this mean figure gives an equivalent mass for nitrogen of 7.0063. 

4. Equivalent mass of an element by reaction with hydrogen. The main 
reason why hydrogen was eventually abandoned as the basis for defining 
equivalent mass was that very few elements combine directly with hydrogen 
to form stable compounds. Measurements of equivalent masses by direct 
combination with hydrogen are, therefore, rare, but the equivalent of 
chlorine was measured, in this way, by Edgar in 1908, and by Noyes in the 
same year. 

Edgar used a known mass of pure chlorine (measured as a liquid) and a known 
mass of pure hydrogen (measured by absorption on palladium) and exploded 
the two gases in an evacuated vessel by sparking. The hydrogen chloride formed 
was condensed by cooling with liquid air and its mass was measured. The mass 
of chlorine combining with 1.0080 g of hydrogen gives the equivalent mass of 
chlorine, the accepted modern value being 35.457. 

Noyes’s method was very similar except that he used the chlorine in a known 
mass of potassium chloroplatinate. On passing hydrogen over the heated chloro- 
a hydrogen chloride was formed and its mass was measured after con- 

ensation, 
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5. Equivalent mass of an element by displacement of hydrogen. In this 
method, a known mass of a metal is made to react with a suitable chemical 
and the mass of the hydrogen produces is obtained by measuring its 
volume and using the fact that 1 litre (1 dm*) * of hydrogen at s.t.p. weighs 
0.09 g. 

If 1 g of a metal yields 500 cm?* (500 x 10-6 m°) of hydrogen at s.t.p. 
it follows that 1 g of metal displaces 0.045 g of hydrogen. 1 g of hydrogen 
will therefore be displaced by 22.2 g of metal; the equivalent of the metal 
must be 22.2. 

The method is available for metals which will react with acids or alkalis 
to produce hydrogen. Magnesium, aluminium, zinc, iron and tin can be 
used reacting with acids, and aluminium and zinc reacting with alkalis. 
The method can also be applied to potassium, sodium and calcium, using 
their reaction with ethanol. 

6. Equivalent mass by replacing one metal by another. In this method, one 
metal, A, is made to replace another, B, e.g. 

Zn(s) + Cu?*(aq) ——> Zn**+ (aq) + Cu(s) 

If the equivalent mass of either A or B is known, then the equivalent mass 
of the other metal can be obtained since the equivalent (in grammes) 
of A will replace the equivalent (in grammes) of B. 

The equivalent of copper, for example, is 31.5. If it is found, experi- 
mentally, that 1.031 g of zinc will replace 1 g of copper, it follows that 
32.5 g of zinc will replace 31.5 of copper. The equivalent of zinc must, 
therefore, be 32.5. 

This is not a good method as there are many difficulties in obtaining an 
accurate result. 

7. Equivalent mass of an element by conversion of one compound into 
another. In this method, which is the one most frequently used to obtain 
exact values, two equivalents must, in general, be known, before a third 
can be measured. 

To obtain the equivalent mass of sodium, for example, a known mass 
of sodium chloride is dissolved in water and excess silver nitrate(v) solution 
is added. The precipitated silver chloride 

Cl~(aq) + Agt (aq) —»> AgCl(s) 

is washed and dried and its mass is measured. 

* The litre was originally defined as 1.000028 dm? but this definition was abolished 
in 1964 and the term litre was reintroduced as a special name for the cubic decimetre. 
The term litre is so well entrenched both in everyday and chemical use that it will 
probably be continued to be used. In this book, however, cubic decimetre is preferred. 

The millilitre (ml) is a sub-multiple of a sub-multiple of the basic SI unit of volume 
(m%). On these grounds, cm? is preferred to ml in this book. Both will probably con- 
tinue to be used for some time. 
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In sodium chloride, the equivalent of sodium is combined with that of 

chlorine; in silver chloride, the equivalent of silver is combined with that of 

chlorine. If the equivalent of sodium is taken as x, and if the equivalents of 

silver and chlorine are 107.880 and 35.457 respectively, then (x + 35.457) g 
of sodium chloride would yield (107.880 + 35.457) g of silver chloride. 
If, by experiment, it is found that a g of sodium chloride yield 5 g of 
silver chloride, then 

a (x + 35.457) 

b (107.880 + 35.457) 

from which, a and b being unknown, the value of x can be calculated. 
Substances other than silver chloride, e.g. barium sulphate(v1), can be 

precipitated, so that the method is widely applicable. 

8. Equivalent mass of silver. In the method described in the preceding 
section, precipitation of silver chloride is most commonly used, and 
calculation of the results required demands a knowledge of the accurate 
equivalent mass of silver and chlorine. These values were obtained by 
Stas in 1860, using a method first suggested by Berzelius. The method in- 
volves three stages: 

a. Potassium chlorate(v) is heated to give potassium chloride and oxygen, 

2KCI1O;3(s) ——> 2KC\(s) + 30.(g) 

122.592 g of potassium chlorate(v) were found to yield 74.592 g of potassium 
chloride and 48 g of oxygen. As potassium chlorate(v) contains six equivalents of 
oxygen combined with one of potassium and one of chlorine, the equivalent mass 
of potassium chloride must be 74.592. 

b. Addition of excess silver nitrate(v) solution to a known mass of potassium 
chloride dissolved in water gives a precipitate of silver chloride. The results 
showed that 74.592 g of potassium chloride produced 143.397 g of silver 
chloride, so that the equivalent of silver chloride must be 143.397. 

c. On heating pure silver in chlorine, silver chloride is formed, and Stas found 
that 143.397 g of silver chloride are formed from 107.943 g of silver and 35.454 g 
of chlorine. Stas took these to be the values of the equivalent masses of silver 
and chlorine. The equivalent mass of potassium must be 74.592 — 35.454. i.e. 
39,138. 

By methods similar to this, Stas determined the equivalents of ten 
elements in the years between 1857 and 1872, and his values were accepted 
as being the most accurate available at that date. 
A discrepancy arose later, however, between Stas’s value for the equiva- 

lent mass of chlorine and the value determined by direct combination 
between chlorine and hydrogen (p. 12). Thereupon, it was realised that 
Stas’s work had been inaccurate because (a) the potassium chlorate(v) used 
had not been entirely free from potassium chloride, and (6) precipitated 
silver chloride always adsorbs (p. 498) other salts from solution. 
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Attempts to obtain still greater accuracy were, therefore, made by 
Richards (1868-1928) and by Honigschmidt and Sachtleben (1929), 

Richards converted pure silver into pure silver nitrate(v) by treatment with 
nitric(v) acid, and he found that 1 g of silver gave 1.57479 g of silver nitrate(v). 
On accepting the value of 14.008 for the relative atomic mass of nitrogen (this 
is the value obtained by the gas-density method, p. 56), Richards calculated the 
value of the equivalent mass of silver, x, from the following relationship, 

3% 1 

x + (14.008 + 48) 1.57479" 

This gives a value of 107.880 for the equivalent mass of silver, and this is the 
accepted modern value. Z 

Its accuracy has been confirmed by Honigschmidt and Sachtleben. They heated 
barium chlorate(vm), Ba(ClO,),, to form barium chloride and oxygen. Silver 
chloride was then precipitated from the barium chloride. All the masses were 
measured in vacuo to avoid.errors arising from absorption of gases. 

9. Equivalent mass of an element by volumetric analysis. A normal solution 
is defined as one containing 1 gramme-equivalent (p. 49) of solute per 
cubic decimetre of solution. It follows that the mass, in grammes, of an 

element which will just react with 1 dm? of a normal solution must be the 

equivalent mass of the element, and this is the basis on which equivalent 

masses can be measured by volumetric analysis. 

A known mass of a metal (0.24 g of magnesium, for example) is treated 

with a known excess of a standard solution of an acid (50 cm? N hydro- 

chloric acid, for example). When the reaction ceases, the excess of acid 

remaining is estimated by titration with a standard alkali. If, in the 

example taken, 30 cm? of N hydrochloric acid remained after reaction with 

the magnesium it follows that 0.24 g of magnesium must have reacted 

with 20 cm? of N hydrochloric acid. 12 g of magnesium will, therefore, 

react with 1 dm? of N hydrochloric acid, so that the equivalent of mag- 

nesium must be 12. 

10. Equivalent mass of an element by electrolysis. Faraday’s laws of 

electrolysis (p. 89) show that 96487 coulomb will liberate 1 gramme- 

equivalent of any element. If, therefore, the mass, in grammes, of any 

element liberated by a definite number of coulombs be measured the 

mass which would have been liberated by 96487 coulomb is readily 

calculated to give a value for the equivalent mass of the element. 

QUESTIONS ON CHAPTER 2 

1. (a) Equal masses of different metals displace equal volumes of hydrogen 
from the same acid. (6) Equal masses of the same metal displace equal volumes 
of hydrogen from different acids. Comment on these statements. 

2. Three elements, A, B and C, have equivalent masses in the ratio of 2:3:5. 
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If the equivalent mass of C is 40, what are the equivalents of A and B? What are 
the percentages by mass of (i) A in AC, (ii) C in BC and (iii) B in AB? 

3. Show that the equivalent mass of an element with an atomicity of a, a 
valency of v, and a vapour density of d, is given by 2d/(a x 1). 

4. A base contains 60 per cent by mass of metal. What is the equivalent mass 
of the metal and of the base? 2 g of the base are added to 125 cm? of N acid. 
After the reaction has ended, what volume of N/2 alkali will be needed to neu- 
tralise the excess acid? 

5. The equivalent mass of a metal is 21, What volume of hydrogen at S.t.p. 
will be required to reduce 8.7 g of the oxide of the metal? 

6. 0.569 g of aluminium foil were dissolved in 100 cm? of 0.96M hydrochloric 
acid. The excess acid required 35.1 ml of 0.94M sodium hydroxide solution for 
neutralisation. Calculate the equivalent mass of aluminium. 

7.0.2 g of iron liberate 82.4 cm? of hydrogen on reaction with excess acid. 
The hydrogen volume was measured over water at 20°C and 105N m= (750 mm) 
pressure, the saturated vapour pressure of water at 20°C being 2.33 kNm~? 
(17.5 mm). Calculate the equivalent mass of iron. 

8. 0.375 g of zinc liberated 135.3 cm? of dry hydrogen at 15°C and 104kN m7~2 
(780 mm) pressure by reaction with excess acid. Calculate the equivalent mass 
of zinc. 

9. What are the main reasons why it is much more difficult to measure the mass 
of a gas than a solid or a liquid? 

10. Explain in detail how you would measure the equivalent mass of (a) 
phosphorus, (6) iodine, (c) sodium in a school laboratory. 

11, Outline four methods which could be used in a school laboratory for 
measuring the equivalent mass of copper. Which method would give the 
most accurate result? Which of the methods could not be used for calcium? 
Why? 

12. If 6.35 g of copper are dissolved in concentrated nitric(v) acid and the 
solution is heated until there is no further change 7.95 g of oxide remain. What is 
the equivalent mass of copper? Write equations for the reactions involved. 

13. 0.65 g of a mixture of iron and cadmium gave 150 cm’ of dry hydrogen 
at s.t.p. On reaction with excess hydrochloric acid. What mass of iron was there 
in the mixture? 

14. 3.78 g of a mixture of copper and copper(I) oxide was heated in hydrogen 
and a loss in mass of 0.6 g was observed. What percentage of copper was there in 
the original mixture? 

15, 0.1827 g of the chloride of an element could be converted into 0.1057 g 
of the oxide of the element. Calculate the equivalent mass of the element. 

16. If 1.158 g of silver chloride can be precipitated from a solution containing 
1.201 g of radium chloride, what is the equivalent mass of radium? 

17. Calculate the average equivalent mass of tellurium from the following 
data: (a) 2.997 g of tellurium dioxide yield 2.396 g of tellurium on reduction, 
(6) 0.803 g of tellurium form 2.817 g of tellurium tetrabromide, (c) during elec- 
trolysis, 0.307 g of tellurium were deposited by the same current and in the same 
time as 1.041 g of silver. 

18. Iron can exert valencies of 2 and 3 and has, therefore, two equivalent 
masses. How can they both be measured. experimentally ? 

19. 1.788 g of hydrogen chloride will precipitate 7.048 g of silver chloride 
when passed into excess silver nitrate(v) solution. Assuming the equivalent masses 
of silver and hydrogen, calculate the equivalent mass of chlorine. 

20. If b g of silver, dissolved in nitric(v) acid, require a g of sodium chloride 
for complete precipitation as silver chloride, and if a’ g of sodium chloride yield 
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b’ g of silver chloride, show that the equivalent mass of chlorine is equal to 

a.b’ 107.9 5 = i} 

where 107.9 is the equivalent mass of silver. 
21. 10 cm? of dry chlorine, measured at 15°C and 100 kN m~-? (750 mm) pres- 

sure, were absorbed by a solution of potassium iodide. The liberated iodine was 
sufficient to produce 0.1982 g of silver iodide. If silver iodide contains 54.04 per 
cent of iodine and the equivalent of chlorine is 35.5, calculate the equivalent of 
iodine. 

22. 15.00 g of silver when heated in sulphur vapour gave 17.228 g of silver 
sulphide. 9.002 g of silver sulphate(v1) on reduction in hydrogen gave 6.230 g of 
silver. Assuming that silver sulphate(v1) contains four equivalents of oxygen 
(equivalent, 8.000) calculate the equivalents of silver and sulphur with the accuracy 
justified by the data. (C. Schol.) 



Chapter 3 

Relative atomic masses 

1. Introduction. The hypothesis that matter is made up, in some way, of 
atoms was first put forward in a speculative way by many Greek philo- 
sophers such as Democritus and Lucretius; and, later, by Boyle and 
Newton. Dalton, however, was the first person to revive the older notions, 
to restate and extend them, and to apply them to the interpretation of the 
laws of chemical combination described in Chapter 1. 

What began a very long time ago as speculation was developed, by Dalton, into 
a fertile theory, once described as ‘the greatest generalisation in chemistry’, and 
certainly a very solid cornerstone of chemical foundations. Berzelius said of the 
atomic theory that ‘it represented the greatest advance that chemistry had yet 
made in the course of its development into a science’. 

Like all theories, Dalton’s atomic theory has grown and changed with 
the times and has, in fact, had to be modified as new facts, quite unknown 
to Dalton, have come to light. In this chapter, some of the simpler aspects 
of the theory are described. Later chapters introduce necessary extensions 
and modifications. 

2. Statement of the theory. Like many of the notable contributions to the 
advancement of science, the atomic theory is essentially simple, and the 
ideas of it may be summarised in four parts as follows: 

a All matter is composed of atoms. 
b Atoms are indivisible, indestructible and cannot be created. 
c All the atoms of any one element are the same, but they are different 
from those of any other element. 

d Compounds are formed by the chemical combination of atoms in small, 
whole numbers. The result is a small group of atoms chemically combined 
together. Dalton called such a group a ‘compound atom’; we now call 
it a molecule. 

On this basis, an atom is the smallest particle of an element that can 
possibly exist; a molecule is a small group of atoms chemically combined together. As will be seen (p. 46) an element does not necessarily exist as single atoms under normal conditions, for two, three or more atoms of an element may link together and the particle so formed will be a group of atoms, i.e., a molecule, 

3. The atomic theory and the laws of chemical combination. One of the very early advantages of the atomic theory was that it was able to account for the laws of chemical combination, by arguments summarised as follows: 

a. The law of conservation of mass. Any chemicals will, on Dalton’s atomic theory, contain a certain fixed number of atoms combined together in a certain way, and the atoms concerned will have a certain fixed mass, 
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When chemicals react together, the atoms rearrange themselves but, as 

atoms can neither be created nor destroyed, there will be the same total 

number of atoms both before and after reaction, and, therefore, there will 
be no change in mass as a result of the reaction. A chemical reaction is, in 

fact, simply a rearrangement of atoms. Why atoms should want to re- 

arrange themselves is another matter and involves a study of reaction 
mechanisms (p. 336). 

b. The law of constant composition. Dalton accounted for the law of 

constant composition in the statements that all the atoms of any one 

element are alike and that they combine in small, whole numbers with the 

different atoms of other elements. 

In copper(m) oxide, for example, there are, let us say, x atoms of copper 

and y atoms of oxygen. The percentage by mass of copper in copper(m) 

oxide is, therefore, 

Mass of x atoms of copper 
Mass of x atoms of copper + Mass of y atoms of oxygen 

Because all copper atoms are alike and all oxygen atoms are alike, it 

follows that the percentage by mass of copper in copper(m1) oxide must be 

constant, i.e. that copper(m) oxide has a constant composition. 

A similar argument can be applied to demonstrate the truth of the law of 

constant composition in all other cases. 

c. The law of multiple proportions. If atoms, A, of one element combine 

with atoms, B, of another in small whole numbers to form more than one 
compound, then some of the various compounds that might possibly be 

formed can be represented as 

AB A.B AB, 
Cpd. 1 Cpd. 2 Cpd. 3 

It is clear, from these formulae, that, for a fixed mass (1 atom) of A, 

there is half as much B in compound 2 as in compound 1, and twice as 

much B in compound 3 as in compound 1. Thus the masses of B combining 

with a fixed mass of A are in the proportion, 

Cpd. 1 Cpd. 2 Cpd. 3 

1 4 2 

i.e. the masses of B are in a simple ratio, 2:1:4, as in accordance with the 

law of multiple proportions. 

d. The law of equivalents. When three different elements are considered, 

the application of the ideas of the atomic theory is a little more com- 

plicated. 
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The simplest case concerns three atoms, represented as A, B and C, 
combining to form compounds AB, AC and BC. 

If the masses of the atoms A, B and C are taken as a, band ¢ units, the 
state of affairs in the compounds AB, AC and BC is 

1 atom of| 1 atom of 

B Cc 

1 atom of | 1 atom of 

A Cc 

1 atom of| 1 atom of 

A B 

aunits | 5 units aunits | c units bunits | c units 

Compound AB Compound AC Compound BC 

The masses of B and C combining with a units of A are 6 and c re- 
spectively, and the masses of B and C combining together are in the pro- 
portion b:c. This is in accordance with the law of equivalents. 

4. Relative atomic masses. Dalton’s statement that all the atoms of any one 
element are alike but different from those of any other element, enabled 
him to represent any atom by a symbol. He used geometrical shapes, but 
these were replaced by letters, first used by Berzelius in 1818. 

Because the atomic theory had followed the formulation of gravimetric 
laws, and because values of combining or equivalent masses of the elements 
were known, the masses of the atoms of the elements was of particular 
significance. Dalton recognised that the direct measurement of the absolute 
mass of such an infinitely small particle as a single atom was not possible, 
and he was more concerned with the relative masses of different atoms. 
It is this relative mass which is now known as the relative atomic mass (A,); 
the older term was atomic weight. 

But, as with equivalent masses, which are relative combining masses, 
it is necessary, for relative atomic masses, to decide some standard of 
reference. Historically, various choices were made, the most obvious, 
perhaps, being to take the hydrogen atom, i.e. the lightest known atom, as 
the standard. On this basis, now known as the hydrogen scale, the relative 
atomic mass of an element was defined by the statement 

Relative atomic mass _ Mass of 1 atom of the element 
of an element Mass of I atom of hydrogen 

As will be seen (p. 31), this definition was first replaced by one based on 
the oxygen scale in which js of the mass of an oxygen atom was taken 
as the standard, i.e. 

Relative atomic mass # Mass of 1 atom of the element 
of an element =l¢ X Mass of 1 atom of oxygen 

Relative atomic mass was then redefined, first in terms of ze of the mass 
of one atom of the °O isotope (p. 131) 

Relative atomic mass ia} Mass of 1 atom of the element 
of an element ts X Mass of 1 atom of *O 
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and then in terms of ;1, of the mass of one atom of the 2C isotope (p. 131) 

Relative atomic mass __ Mass of 1 atom of the element 
of an element zis X Mass of 1 atom of 2C 

The problem confronting chemists at the start of the nineteenth century 
was not, however, the precise way in which to define relative atomic mass, 
but the way in which relative atomic masses and equivalent masses were 
related. Equivalent masses, which could be measured fairly easily, gave the 
relative masses in which elements combined together. Dalton said that 
chemical combination took place between atoms; what, then, were the 
relative masses of the atoms concerned ? 

5. Relationship between the relative atomic mass and the equivalent mass of 
an element. The gravimetric analysis of water shows that 1 g of hydrogen 
combines with 7.94 g of oxygen, i.e. 1.0080 g of hydrogen with 8 g of 
of oxygen (p. 7). Now, if water is made up of equal numbers of hydrogen 
and oxygen atoms, i.e. if its formula is HO, then the mass of the oxygen 
atom relative to the hydrogen atom must be 7.94. Alternatively, if, in 
water, there are twice as many hydrogen atoms as oxygen atoms, i.e. if the 
formula is H,O, then each atom of oxygen must have a mass of 15.88 

(2 x 7.94) relative to the hydrogen atom to give the measured gravimetric 

composition. If water had a formula H,O, then the relative mass of the 
oxygen atoms would be 3 x 7.94, i.e. 23.82. 

We all know, today, that the formula of water is, in fact, H,O, but 

chemists in the earlier part of the last century did not know this, and before 

they could deduce any correct values of relative atomic masses from 

equivalent masses they had to know something about the numbers ofatoms 

which combined together in different compounds. In modern languge, they 
had to know something about the valencies of the elements. 

In the example of water, just quoted, the equivalent of oxygen (on the 

hydrogen scale) is 7.94. But the relative atomic mass of oxygen may be any 

multiple of 7.94 depending on the number of oxygen and hydrogen atoms 

which combine together. If water is HO, then the relative atomic mass of 

oxygen is 7.94; if water is H,O, the relative atomic mass is 15.88; if water 

is H,O, it is 23.82; and so on. 

This can be expressed, for oxygen, in the statement 

No. of hydrogen atoms 

Xx with which 1 atom of 
oxygen will combine 

Relative atomic mass nal Equivalent mass 
of oxygen of oxygen 

or, quite generally, as 

No. of hydrogen atoms 
Xx with which 1 atom of 

element will combine 

Relative atomic mass ES Equivalent mass 

of an element of the element 
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The number of hydrogen atoms with which 1 atom of an element will 

combine is now known as the valency of the element, and it will be seen 

that this is the very important connecting link between relative atomic 

masses and equivalent masses, i.e. 

Relative atomic mass = Equivalent mass x Valency 

6. Early decisions on relative atomic mass values. Dalton, Berzelius and contem- 
porary chemists did not fully understand the significance of the valency of an 
element, for the term was not accurately used until introduced by Frankland in 
1853. But they did realise that it was necessary to know the formula of a sub- 
stance, i.e. the number of atoms combined together, before they could obtain 
relative atomic masses from equivalent masses. 

Because they had no means of allotting valency values or correct chemical 
formula, i.e. because they simply did not know whether the formula of water was 
HO or H,20 or H;30 or HO, or HOs, they resorted, very largely, to guesswork. 

Dalton assumed, correctly in some cases but wrongly in others, that if two 
elements A and B formed only one compound then that compound would be 
made up of one atom of A for every one atom of B, i.e. its formula would be AB. 
On this simple basis, he took the formula for water as HO. The table of atomic 
weights which he drew up, based on this over-simplified principle, contained some 
values which were correct but many which were wrong. 

Berzelius attempted to allot formulae to compounds which would indicate 
their chemical behaviour in the simplest way, and which would ensure that 
similar substances had similar formulae. Because he knew that the masses of 
oxygen which would combine with a fixed mass of iron in iron(m) and iron(m) 
oxides were in the ratio 2:3 he gave these oxides formulae of FeO, and FeO .. 
And because zinc oxide was similar to iron(1) oxide he said its formula was ZnO}. 

In Berzelius’s own words ‘to hit upon what is true is a matter of luck’ but, as 
luck would have it, Berzelius was not always wrong, and in a table of relative 
atomic masses drawn up by him in 1818, after 10 years of laborious work, he 
got at least some of the values right. 

The period was, however, one of chemical chaos. This was relieved, to some 
extent, by the application of Dulong and Petit’s Rule and Mitscherlich’s Law of 
Isomorphism to the problem of fixing relative atomic masses, but the matter 
was more fully clarified by Cannizzaro’s work of 1858 (p. 49). 

7. Dulong and Petit’s rule. By using Berzelius’s values for relative atomic 
masses, and adjusting them where necessary (usually by dividing them by 
two) Dulong and Petit, in 1819, discovered that, for solid elements, 
particularly for metals, 

Relative atomic mass X Specific heat capacity = 26.8 x 103 

The product of the relative atomic mass and specific heat capacity is 
known as the atomic heat capacity; its value is 26.8 x 10° when specific heat 
capacity is expressed in J kg~' K~? (or 6.4 if cal g-! K~! are used). Dulong 
and Petit expressed their rule in words by stating that ‘the atoms of all 
simple substances have the same capacity for heat’. 
By applying the rule, Dulong and Petit were able to fix many relative 
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atomic masses. Essentially, the rule enables the valency of an element to 
be discovered. Consider, for example, an element, A, with a specific 
heat capacity of 1.13 x 103 Jkg-!K~-1, and an accurate equivalent mass of 
12.1. 
By Dulong and Petit’s rule, the approximate relative atomic mass must 

be 26.8 x 10° divided by 1.13 x 103, i.e. 23.7. 
The approximate relative atomic mass divided by the accurate equivalent 

mass gives a value of 1.96 for the approximate valency. The valency of an 
element must, however, by definition, be a whole number. The real valency 
of A is, therefore, 2. 

Since the accurate equivalent mass is 12.1, the accurate relative atomic 
mass must be 12.1 x 2, i.e. 24.2. 

The stages may be summarised as follows: 

is 26.8 x 10° 
* Specific heat capacity 

b Approximate relative atomic mass 
; Accurate equivalent mass 

== Approximate relative atomic mass. 

=< Approximate valency. 

c. The nearest whole number to the approximate valency value gives the 
accurate valency. 

d. Accurate equivalent mass x Accurate valency = Accurate relative 

atomic mass. 

8. Limitations of Dulong and Petit’s rule. The atomic heat capacity of an element 
is only approximately constant at 26.8 x 10°, and some elements, at ordinary 
temperatures, deviate very considerably from this rule. These elements are of 
low relative atomic mass and high melting point, and include beryllium, boron, 
silicon and carbon. 

ATOMIC HEAT 
CAPACITY 

0 400 800 
——— TEMPERATURE /°C ——> 

Fic 2. Variation of atomic heat capacity with temperature for some 
elements which do not obey Dulong and Petit’s rule at room temperature. 

The specific heat capacity of an element varies, however, with temperature, 
so that the atomic heat capacity of an element depends, also, on temperature. 
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The value of the atomic heat capacity of any element rises, in fact, as the tem- 
perature is increased, from zero to amaximum value of approximately 26.8 x 10°. 
Elements which ‘obey’ Dulong and Petit’s rule at normal temperatures are 
those whose atomic heat capacity values have reached the maximum value 
at ordinary room temperatures. For elements such as beryllium, boron, silicon 
and carbon, the maximum value of the atomic heat capacity is not reached except 
at high temperatures. It is only at such temperatures that Dulong and Petit’s 
rule holds for these elements, and, even then, the maximum value of the atomic 
heat capacity is rather less than 25 x 10° (Fig. 2) 

The way in which atomic heat capacity varies with temperature for different 
elements depends on the way in which the particular crystal structures con- 
cerned can absorb energy. 

9. Mitscherlich’s law of isomorphism. Berzelius had, in attempting to allot 

formulae to different compounds, always been aware of the desirability of 

representing compounds which clearly resembled each other by similar 

formulae. In 1819, Mitscherlich, a pupil of Berzelius, observed that some 

substances with similar chemical formulae formed very similar crystals; he 

used the word isomorphous (same shape) to describe such substances, and 

called the phenomenon isomorphism. Moreover, he stated, in what is now 

known as Mitscherlich’s law of isomorphism, that substances which have 

similar chemical compositions crystallise in similar forms, i.e. are iso- 
morphous. 

Typical examples of isomorphous substances are listed, and the pheno- 
menon is discussed in more detail on p. 210. 

There are many exceptions to Mitscherlich’s Law, and it is doubtful 

whether it warrants the name of a law at all, but it did play a small part in 

establishing some relative atomic mass values and in checking others. 

Typical examples are described below: 

a. The relative atomic masses of manganese, chromium, selenium and sulphur. 

Potassium manganate(vu) (permanganate) and potassium chlorate (vm) 
(perchlorate) are isomorphous, and, in these compounds, 55 parts by mass 
of manganese replace 35.5 parts by mass of chlorine. Since 35.5 is the 
relative atomic mass of chlorine, that of manganese must be 55. 

Moreover, potassium manganate(v1) is isomorphous with potassium 
chromate(v1), selenate(v1) or sulphate(vi). The equivalent masses of the 
elements concerned are Mn, 55; S, 32; Se, 79; and Cr, 52. Since 55 is also 
the relative atomic mass of manganese, the relative atomic masses of 
sulphur, selenium and chromium must be 32, 79 and 52 repectively. 

b. The relative atomic mass of chromium. Berzelius originally gave iron(il) and 
iron(im) oxides the formulae FeO, and FeO; (p. 22). By a similar argument he 
gave chromium(m) oxide and chromium(v1) oxide (chromium trioxide) the for- 
mulae CrO, and CrO,. When he realised, however, that chromates(vI) and 
sulphates(v1) were isomorphous, he accepted CrO,as the formula for chromium(v1) 
oxide because of its similarity to sulphur trioxide best represented as SO3. 
Chromium(m) oxide must, therefore, be Cr,O3, which suggested to Berzelius 
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that iron(m) oxide ought to be Fe,O; and not FeO3. Similarly, iron(m) oxide 
must be FeO, and not FeO, and zinc oxide, ZnO and not ZnO). 

Such arguments made Berzelius publish a revised table of relative atomic 
masses, in 1827, in which the values of some metals were halved as compared with 
his 1818 list. 

On accepting the formula of chromium(v1) oxide as CrO;, the relative atomic 
mass of chromium was easily allotted from its equivalent mass, for the valency of 
chromium, here, is 6. 

c. The relative atomic mass of vanadium. The relative atomic mass of vanadium 
was fixed by Roscoe when the similarity between lead phosphate(v), lead arsen- 
ate(v) and lead vanadate(v) became evident as a result of the discovery of the 
isomorphism of the three minerals pyromorphite, mimetite and vanadinite, with _ 
formulae Pbs(XO,)3;Cl where X is P, As and V respectively. On this evidence, 
vanadium must be pentavalent, so that its relative atomic mass could be obtained 
from its equivalent mass. 

10. The periodic table. Once the relative atomic masses of some elements 

become known, interesting numerical relationships were soon noticed, and 

these eventually led to the periodic table in which the elements are arranged 

in order of their relative atomic masses. 
The periodic table has always played a very large part in the study of 

chemistry. In this chapter, some of the simpler points connected with the 

table are considered. A discussion of the deeper significance of the table, 

depending on atomic structure, is given on p. 114. 

Even before many relative atomic masses were known with great 

precision, Dédbereiner noticed, in 1829, that certain groups of three 

chemically similar elements had relative atomic masses which were 

approximately in arithmetic progression. Such groups became known as 

Débereiner’s triads and are exemplified, using modern values, by 

Chlorine Bromine Iodine . Lithium Sodium Potassium 

35.5 79.9 126.9 6.9 23 39.1 

Sulphur Selenium Tellurium Calcium Strontium Barium 

32 719 127.6 40.1 87.6 137.4 

Other similar, but, at the time, mysterious numerical relationships using 

both relative atomic and equivalent masses also came to light, and led to 

Newland’s Law of Octaves in 1864. 

Newlands arranged all the elements he knew in ascending order of 

relative atomic mass and assigned to the elements a series of ordinal 

numbers which he called atomic numbers. He then noticed that elements 

with similar chemical properties had atomic numbers which differed by 

seven or some multiple of seven. In other words Newlands discovered that 

the chemical properties of elements were often found to be similar for 

every eighth or sixteenth element, like the notes in octaves of music. 

Newlands’s ideas were not, however, widely accepted and were subjected 
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Au Hg Pb 
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THE PERIODIC TABLE (after Mendeléef) 



Relative atomic masses 

Group 5 

83 84 
Bi Po 

208.98 (210) 

64 65 66 67 68 69 70 71 
Gd ‘Tb Dy Ho Er Tm Yb Lu 

157.25 | 158.924 | 162.50 | 164.930 | 167.26 | 168.934 | 173.04 174.97 

96 97 98 99 100 101 102 103 
Cm Bk Cf Es Fm Md No 
(247) (247) (249) (254) (253) (256) (254) 
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P S Cl 
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Vv Cr Mn Fe Co 
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AS Se Br 
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Nb Mo Te Ru Rh 
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Sb Te I 
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Ta WwW Re Oo: 
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46 
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78 
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to some ridicule, until, in 1869, they were essentially restated by Mendeléef 

and by Lothar Meyer. The periodic recurrence of similar chemical proper- 

ties when the elements are arranged in ascending order of relative atomic 

miass, which was the essential point of what Mendéléef called the law of 

periodicity, was supported by the periodic relationships noticed by Lothar 
Meyer in plotting the atomic volumes (relative atomic masses/densities) of 
the elements against their relative atomic masses. 

11. Mendeléef’s form of periodic table. Mendeléef’s original periodic table 
arrangements were, naturally, incomplete because he only knew a limited 
number of elements. He had, of necessity, to leave many gaps in his 
arrangements for elements not, at that time, discovered. Mendeléef pre- 
dicted both the eventual discovery of such elements and their probable 
properties, and it was a real triumph that the many gaps he had originally 
left were, in his lifetime, filled by newly discovered elements having the 
properties he had predicted. 
A modernised version of Mendeléef’s table is given on pages 26-7, and 

the following points are worthy of attention. 

a. Groups and periods. The elements fall into nine vertical groups, and 
elements in the same group have certain chemical and physical similarities. 
In some groups the similarities are very marked; in others, less so. 

The horizontal groups are known as periods, those containing eight 
elements being called short periods, and the others long periods. 

b. Typical elements. The elements in the short periods at the head of 
each vertical group are known as typical elements; their chemistry is, on 
the whole, typical of the group. Below the typical elements, the groups are 
usually subdivided into sub-groups, A and B. The similarity between 
elements in different sub-groups, but in the same group, is not very 
marked, but it is noticeable that it is the sub-group A elements which 
resemble the typical elements in the left-hand groups, whereas sub-group B 
elements are more like the typical elements in the right-hand groups. 

c. Transitional elements. The three groups of elements placed in group 8 
were originally called transition, or transitional, elements. They show some 
resemblances both to the elements preceding them, and to those following 
them, and in that way they link up the first and second halves of the long 
periods. The term transition element is, however, now used in a wider 
sense, as explained on p. 116. 

d. Group valencies. The numerical valency of an element is often equal 
either to the group number in which the element occurs, or to 8 minus 
the group number. Such a relationship was expressed, in 1904, in Abegg’s 
Tule of eight. It is by no means universally true, though, as will be seen in 
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Chapter 15, the number 8 plays an important part in valency considera- 
tions. 

e. Anomalous placings. In order to maintain the chemical similarities in 
the Mendeléef form of periodic table, a few elements have to be placed in 
their wrong relative atomic mass order. In the following pairs of elements, 
for example, the first element, with the lower relative atomic mass, is 
placed after the second in the periodic table. 

Potassium Argon Nickel Cobalt 
39.10 39.95 58.71 $8.93 

Iodine Tellurium Protoactinium Thorium 

126.90 127.60 231 232.94 

f. Position of hydrogen. Hydrogen has some likeness both to the alkali 

metals (lithium, sodium, potassium, rubidium and caesium) and the 

halogens (fluorine, chlorine, bromine and iodine), and it can be placed at 

the head of Group 1 or Group 7, though neither place is entirely satisfac- 

tory for it on purely chemical grounds. 

g. Rare earths, lanthanons or lanthanides, actinons or actinides. The rare 

earths, lanthanons or lanthanides, with marked chemical similarity, all 

occupy one single position in the periodic table in Group 3. The actinons 

or actinides provide a similar series. 

h. Noble gases. The discovery of a whole new series of elements could not 

have been predicted from the early forms of the periodic table. The noble 

gases, discovered at the turn of the nineteenth and twentieth centuries, 

provided such a series which had to be fitted into the periodic table. This 

was conveniently done by placing them in Group 0, a position which 

suggested a valency of zero in keeping with their chemical inactivity. 

12. Thomsen-Bohr periodic table. Very many variations on the periodic 

table theme have been put forward, each emphasising some particular 

features. Perhaps the main drawbacks to the Mendeléef table are the 

division of groups into sub-groups, and the isolation of a limited number 

of transition elements in Group 8. 

To overcome such difficulties Thomsen proposed a form of periodic 

table, in 1885, which was developed, by Bohr and others, into the arrange- 

ment shown on p. 30. 
On this scheme, some rather artificial chemical similarities suggested by 

Mendeléef’s arrangement are avoided, and the arrangement is more in 

keeping with the known atomic structures of the elements, as explained 

on p. 116. 
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13. Relative atomic masses from periodic table. Once an element can be 
placed in the periodic table its probable valency and its approximate 
relative atomic mass can be predicted, and such predictions were useful, 
historically, in fixing the relative atomic masses of some elements. 

Beryllium, for instance, is, in many ways, similar to aluminium. It was 
therefore, originally thought to be trivalent and to have a relative atomic 
mass of 14.1 because its measured equivalent mass was 4.7. Mendeléef 
suggested, however, that beryllium ought to be placed in Group 2 of the 
periodic table and that its relative atomic mass should be 9.4. This was 
confirmed by the discovery that the oxides of zinc and beryllium are 
isomorphous. Similarly the only possible position for indium in the peri- 
odic table showed that it must be trivalent with a relative atomic mass of 
114.5. 

14, Chemical and physical relative atomic masses. When the relative atomic 
mass of an element is measured on either the hydrogen or oxygen scale 
definitions, given on page 20, the result is known as a chemical relative 
atomic mass. 

The hydrogen scale was used originally, but, as equivalent mass came to be 
defined in terms of oxygen and because relative atomic masses were derived from 
equivalent masses, it was agreed to define relative atomic mass in terms of the 
oxygen rather than the hydrogen scale. If the mass of one atom of hydrogen was 
exactly equal to ;4th of an oxygen atom there would be no numerical difference 
between chemical ‘telative atomic masses on the hydrogen or oxygen scale. But 
it is 1.0080 g of hydrogen which combines with 8.0000 g of oxygen, and not 
exactly 1 g of hydrogen. On the hydrogen scale, therefore, the relative atomic 
mass of hydrogen is 1.0000, whilst that of oxygen is 15.880. On the oxygen scale, 
the relative atomic mass of hydrogen is 1.0080 and that of oxygen is 16.000. 
When great accuracy is not required, it is convenient to take the values as 1 and 
16 respectively. 

For real accuracy, however, a further extension is necessary. Not all 

atoms of oxygen have the same mass, for isotopes exist (p. 131). When this 

was realised it became necessary to stipulate which isotope of oxygen was 
to be used in defining relative atomic masses on the oxygen scale. The 1*O 

isotope was chosen and relative atomic masses measured against this 
standard are known as physical relative atomic masses. Their values differ 

slightly from the corresponding chemical relative atomic masses. 

The most modern values of relative atomic masses are measured against 

the standard of a C atom (the carbon scale), as explained on page 131. 

15. Summary of methods of measuring relative atomic masses. Chemical 

relative atomic masses are obtained from measured values of equivalent 
or relative molecular masses. 
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a. If the equivalent mass is known, it is really a matter of deciding the 

valency of the element in order to fix the relative atomic mass, for 

Relative atomic mass = Equivalent mass x Valency 

This might be possible, 

i by using Dulong and Petit’s rule (p. 22), 

ii by using Mitscherlich’s law of isomorphism (p. 24), 

lii by using the position of the element in the periodic table (p. 31). 

b. If the relative molecular mass is known, the fixing of the relative atomic 

mass is a matter of deciding on the atomicity of the element for 

Relative molecular mass = Relative atomic mass x Atomicity 

This might be possible, 

i by using Cannizzaro’s method (p. 49). This method also requires a 

knowledge of the equivalent mass of the element concerned to give a 
really accurate result; 

ii by measuring the ratio of the specific heat capacities of a gaseous element 

(p. 77). This ratio is 1.67 for monatomic gases, 1.40 for diatomic gases 

and 1.33 for triatomic gases (p. 78). This method is particularly useful 

for the noble gases as it does not involve any chemical reaction. 

c. The measurement of physical relative atomic masses is described on 
page 130. 

QUESTIONS ON CHAPTER 3 

1. Dalton wrote that ‘we might as well attempt to introduce a new planet into 
the solar system, or to annihilate one already in existence, as to create or destroy 
a particle (atom) of hydrogen’. To what extent is such a statement true today? 

2. Explain what is meant by the terms hydrogen scale, oxygen scale and carbon 
scale. 

3. A metallic oxide contains 52.94 per cent by mass of the metal, and:0.18 g 
of an impure sample of the metal gave 200 cm? of hydrogen at s.t.p. when treated 
with excess acid. The specific heat capacity of the metal is 0.992 J cok 
Calculate (a) the purity of the sample of metal, (6) the accurate relative atomic 
mass of the metal. 

4. 1 g of a metallic bromide was dissolved in water and excess silver nitrate(v) 
solution was added. The resulting precipitate of silver bromide weighed 1.88 g. 
If the specific heat capacity of the metal concerned was 0.67 J g~1 K—}, calculate 
its relative atomic mass. 

5. When 0.560 g of a metal was treated with dilute acid it liberated 575 cm? of 
hydrogen at 16°C and 105 N m=? (750 mm) pressure. The specific heat capacity 
of the metal was 1.042 J g-! K-!. Calculate its relative atomic weight and the 
percentage of oxygen in its oxide. (The vapour pressure of water vapour at 
16°C is 1.866 x 10° Nm~? or 14 mm.) (Army and Navy.) 
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6. Give an account of three important methods which have been used to determine the relative atomic mass of the elements. 
0.1 g of a metal M of specific heat capacity 0.88 J g~!K~1 dissolved in acid to give 173 cm* of hydrogen measured at 27°C and 8 x 104 N m7? (600 mm) 

pressure. 0.1 g of its anhydrous chloride volatilised completely to give 12.05 cm® 
of vapour measured under the same conditions. Calculate the relative atomic 
mass of the metal M and the formula of the chloride. (O. & C.) 

7. The equivalent of a volatile metal is 100.3 and its specific heat capacity is 
0.138 J g-! K-1; 0.25 g of the metal occupies 79.5 cm? at 500°C and 101.3 x 103 
kNm~? (760 mm). Calculate the relative atomic mass of the metal and the 
relative molecular mass of the metal in the vapour phase. (Oxf. Prelims.) 

8. The specific heat capacity of a metal at 15°C is 1.799 J g~!K~!. The metal 
forms a chloride which contains 88.65 per. cent of chlorine, and which has a 
vapour density of 40. Discuss the evidence for the relative atomic mass of the 
metal afforded by these data. (C. Schol.) 

9. 11.72 g of a non-volatile oxide were heated with excess of sodium carbonate 
and the resulting loss of mass, due to escape of carbon dioxide, was 2.228 g. 
In another experiment 0.1037 g of the element when treated with ammoniacal 
silver nitrate(v) yielded 0.3657 g of silver. Derivatives of the element were iso- 
morphous with chromates(v1). What conclusions do you draw from these data 
regarding the equivalent and relative atomic masses of the element and the 
formula of the oxide? (C. Schol.) 

10. 0.7994 g of anhydrous beryllium chloride were dissolved in water and 
all the chlorine was quantitatively precipitated as silver chloride (2.867 g). Cal- 
culate the equivalent of beryllium. 

The specific heat capacity of beryllium is 1.758 J g-! K~1 at 20°C. The element 
forms a volatile compound with the monobasic acid C;H,0-H (acetyl acetone) 
whose vapour density at 180°C is 103.5. In its general chemical behaviour beryl- 
lium shows similarities to both aluminium and to magnesium but does not form 
salts isomorphous with those of either aluminium or magnesium. Calculate the 
relative atomic mass of beryllium and explain why there was for a long time doubt 
whether the element belongs to group II or group III. (B.) 

11. Two chlorides of a metallic element with a specific heat capacity of 
0.138 J g~* K~* contain 35.52 per cent and 42.35 per cent of chlorine respectively. 
What is the relative atomic mass of the element? 

12. Plot the boiling points of (i) the noble gases, (ii) the alkali metals, (iii) the 
halogens, against their atomic numbers. What conclusions can you draw? Can 
you give any explanation for your conclusions? 

13. Draw graphs to show the way in which (a) the melting point, (6) the atomic 
volume, i.e. relative atomic mass/density, of elements changes with the atomic 
mass of the element concerned. 

14, State and explain the principles which have been used to determine the 
relative atomic masses of (a) noble gas, (6) a solid non-metallic element, e.g. 
carbon or sulphur and (c) a heavy metal. (O. & C.) 

15. What are the essentials of a good relative atomic mass determination? 
Illustrate your answer by reference to some one important piece of work in this 
field. Why is it important to know the relative atomic mass of the elements with 
a high degree of accuracy? (O. Schol.) 

16. Define relative atomic mass and describe briefly one physical and one 
chemical method for determining this quantity. What connection has the relative 
atomic mass of an element with the masses of the atoms of that element? Why 
do isotopes of an element have the same chemical properties? (O. & C. 8.) 

17. What is meant by the statement that zinc is a bivalent element? Show 
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whether the statement is consistent with the following data: (a) addition of ex- 
cess silver nitrate(v) to a solution containing 0.4089 g of anhydrous zinc chloride 
precipitated 0.8600 g of silver chloride; (5) the specific heat capacity of zinc is 
0.398 J g~! K~1; (c) when heated with iodoethane, zinc forms a volatile com- 
pound, Zn(C,Hs),, the vapour density of which is 62. How does zinc stand in 
relation to magnesium, calcium and cadmium in the electrochemical series ? (W.) 

18. Define the terms chemical relative atomic mass, atomic number and 
equivalent mass. Give (a) the electrical charges on the ions formed in solution 
by elements of atomic number 16 and 30 respectively; (5) the electronic formula 
of the hydride of an element X of atomic number 19. 
A solution containing 0.250 g of an alum, K,SO,4. M(SO,); . 24H.0, gave 

0.234 g of barium sulphate(v1) on treatment with excess barium chloride solu- 
tion. Calculate the relative atomic mass of the element M. (W.) 

19. The vapour density of an anhydrous metallic chloride is 40. The sulphate(v1) 
of the metal crystallises with four molecules of water of crystallisation. 1.771 g of 
the hydrated sulphate(v1) on ignition yield 0.251 g of metallic oxide. Calculate 
the relative atomic mass of the metal. (C. Schol.) 

20. 0.256 g of the sulphate(v1) of a certain element yielded 0.525 g of barium sul- 
phate(v1), when it was treated in aqueous solution with excess of barium chloride. 
The vapour density of the chloride of the element was about 67. Suggest possible 
values for the relative atomic mass of the element. What further experiments 
could be made in order to confirm the value assigned? (O. & C.) 

21. Give two methods by which the accurate relative atomic mass of an element 
may be determined. 5.21 g of the chloride of a divalent metal were dissolved in 
distilled water and to the solution an excess of silver nitrate(v) was added. The 
weight of the silver chloride obtained was 7.17 g. Calculate the relative atomic 
mass of the metal. (O. & C.) 

22. What is the chemical evidence for the existence of atoms and molecules? 
Explain, in outline, how you would determine the relative atomic masses of 
(a) hydrogen, (5) silver, (c) nitrogen. 

23. When 1.148 g of the crystals of a compound were heated, ammonia and 
water were evolved and 0.936 g of the oxide of an element was left. The oxide 
was unchanged by further heating in oxygen. It was soluble in an aqueous solu- 
tion of sodium hydroxide, when it was found by the method of back titration 
that 0.520 g of sodium hydroxide was equivalent to 0.936 g of the oxide. The 
vapour density of the fluoride of the element was 105. Suggest a relative atomic 
mass for the element. (C. Schol.) 



Chapter 4 

Gases 

AN experimental study of the gravimetric aspects of chemical combination 
between elements led to Dalton’s atomic theory. The molecular theory and 
the kinetic theory arose from a study of the behaviour of gases. In this 
chapter, some of the important experimental aspects of a study of gases are 
described. The full theoretical significance of the work is explained in 
Chapters 5 and 7. ; 

1. Boyle’s law, 1662. This law states that the volume of a given mass of a 
gas is inversely proportional to the pressure, if the temperature remains 
constant. Expressed mathematically, 

pe ; or pV = aconstant value 

Because pV has a constant numerical value, at a given temperature, a 
straight, horizontal line should result if pV values are plotted against D. 

Over a wide range of pressures, par- 

ticularly at high pressures, Regnault 
and Amagat showed, however, that 

the pV—p curves are not, in fact, 

straight, horizontal lines. This 

means that gases do not strictly 
obey Boyle’s law. The original data 

on which Boyle based his law was 

rather scanty. 

The way in which gases deviate 

from Boyle’s law is shown by the 

pe shape of the pV—p curves as 

Fic. 3. pV—p curves at 0°C, showing Shown in Fig. 3. Each curve is 
deviation from Boyle’s law. plotted for figures obtained at a 

definite temperature; such curves 
are known as isothermals. Hydrogen and the inert gases give curves which 

rise steadily; other gases give decreasing pV values at first. Any gas which 

would give a straight, horizontal line is regarded as a perfect or an ideal 

gas, but there are no known examples, and the concept of a perfect or an 

ideal gas is a theoretical one. 

The deviation from the behaviour expected of a perfect gas is most 

marked at high pressures, at low temperatures, and for gases which can be 
liquefied easily. A further treatment is given on page 72. 

2. Charles’s law, 1787. This law, which is sometimes known as Gay- 

Lussac’s law, states that the volume of a given mass of a gas increases, or 

decreases, by approximately +43 of its volume at 0°C for each degree 

Celsius rise, or fall, in temperature, if the pressure remains constant. 

Expressed mathematically, 
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_ Volt + 273) 
Vi=V(l+55) oo UV, 273 273 

where V, is the gas volume at t°C and Vp the volume at 0°C. 

This expression shows that if a gas could be obtained at approximately 
- —273°C it would have a zero volume; the gas would have vanished! In 

practice, however, all gases liquefy and/or solidify at temperatures above 

— 273°C, and Charles’s law does not apply to liquids or solids. Gas 

volumes cannot, therefore, be measured at temperatures right down to 

— 273°C, but, if the volume of a given mass of gas is measured at different 

temperatures, extrapolation shows 

that the gas would have no volume 

if it could be obtained at a tem- 

perature of —273°C (Fig. 4). 

3. Temperature scales. On the 
Celsius scale of temperature the 

upper and lower fixed points are 
0 determined by the boiling point of 
-273 -200 -100 0 100 water and the melting point of ice 

6 under a pressure of 101325 N m2, 
Fic. 4. Variation in the volume of a The melting point of ice is called 
given mass of gas, at a fixed pressure, 0°C and the boiling point of water 
with temperature. 100°C. One hundredth of the in- 

terval between these two points is 
called a degree Celsius (1°C). The use of this scale was originated by 
Celsius in 1742, and it has been very widely used. The main inaccuracy, 
which is very small, is due to the difficulty involved in an accurate 
measurement of the melting point of ice. 

The temperature at which a gas would, theoretically, have no volume 
(see section 2) was taken as the zero for an alternative scale known as the 
absolute absolute scale. On this scale 0°C was approximately 273°A. 
A similar scale has been adopted as the SI temperature scale; it is 

referred to as the absolute, the Kelvin or the thermodynamic scale. The 
unit of temperature difference, known as the kelvin (1 K) is defined as 

sate 16 of the thermodynamic temperature of the triple point of water 

(273.16 K, see p. 525). The triple point of water has been chosen because 
of its reproducibility. 

As the triple point of water is 0,01°C it follows that 

Temperature in K = Temperature in °C + 273.15 

so that the melting point of ice at 101325 N m7? (0°C) is 273.15 K. 
Notice that the ° sign is not used on the Kelvin Scale. 1 K means a 
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temperature of 1 Kelvin above absolute zero, or the temperature interval 
between ” K and (# + 1) K. This temperature interval of 1 K is equal to 
that of 1°C so that the latter need no longer be used. 

If the mathematical expression of Charles’s law is written using K 
instead of °C, then 

Vy = noe or Vr = kT or a a 

where k is a constant, and where T represents temperature in K, 
This means that the volume of a given mass of gas is proportional to the 

absolute temperature, if the pressure remains constant, which is another way 
of stating Charles’s law. 

Because real gases are not perfect they deviate from Charles’s law as they 
do from Boyle’s law. 

4. The gas equation. Charles’s and Boyle’s laws can be combined together 
into one general expression which is known as the gas equation. 

If a given mass of gas has a volume of V; at a pressure of p,, it will have 
a volume, V,, at a pressure of p,, and, if the temperature remains constant, 

V; X pi = Vy X pz (by Boyle’s law) 
If, now, the temperature at which V, is measured is changed from 7, K 

to 7, K then the new volume of the gas, V2, will be given by the relation- 
ship, 

Vx ie ; TF, (by Charles’s law) 

Substituting the value of V,, from one of these equations into the other 
gives the expression 

Bux Veep: % Va 
T; T, 

and, in more general form, this can be expressed as 

Y = a constant or pV=kT 

which is known as the gas equation. k is a numerical constant, and it must 
be remembered that temperature, in this equation, is expressed in K. 

5. The molar gas constant. The value of k in the gas equation depends on 
the mass of gas considered and on the units in which p and V are measured. 
If 1 mol (p. 48) of gas is considered, k is generally written as R, and the gas 
equation then becomes 

p X V= RX T dor 1 mol of gas) 

R is known as the molar gas constant. 

In SI units, pressure is measured in newtons per square metre, i.e. force 

per unit area, and volume in cubic metres. The corresponding value of the 
molar gas constant is 8.3143 J K-! mol-1. 
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Knowing this value * the generalised relationship for n mol, 

px V=nX RX T (forn mol) 

enables any of the four quantities p, V, n or T to be calculated if three of 

them are known. 

6. Gaseous diffusion. Diffusion means, literally, spreading out, and one of 

the most striking characteristics of gases is their ability to diffuse. One of 

the essential differences between a gas and a solid or a liquid, for instance, 

is that a gas will always spread out or diffuse so as to occupy fully any con- 

tainer. This diffusion takes place in all directions, even against gravity, and 

enables gases to pass through porous substances, or through very small 

apertures, though the escape of a gas through a single hole is often referred 

to as effusion. Gases, in simple language, leak well. 

Gaseous diffusion may be demonstrated very readily by placing a gas 

jar full of air over one full of nitrogen dioxide. 

Though nitrogen dioxide has a greater density than 

air, it will diffuse upwards and its spreading out can 

be observed because of its colour. 

The fact that all gases are completely miscible, 

provided there is no chemical reaction between them, 
also indicates the readiness with which they diffuse, 

as does the short time-lag between an escape of, say, 

ammonia or hydrogen sulphide and its detection, by 

smell, at some distance. 

7. Graham’s law of gaseous diffusion. That gases 

diffuse at different rates can be demonstrated by 

using the apparatus shown in Fig. 5. If a beaker full 

of hydrogen is inverted over the porous pot, a jet of 
water is pushed out of the tube, A. This is because the 

hydrogen diffuses into the porous pot more quickly 

than the air inside it diffuses out of the pot. If carbon 

Fic. 5. dioxide is used instead of hydrogen, the pressure in- 

side the pot is reduced, and air is sucked in through 

A. Carbon dioxide must, therefore, diffuse less rapidly than air. 

* The value of R is expressed in units of work per degree per mole. This is because 

ie Pressure x Volume _ Force x Volume _ Force xLength _ Work 
= —— SS CC 

T AreaxT Tr T 

1 joule is the work done when a force of 1 newton acts through a distance of 1 metre. 
If pressure is measured in atmospheres and volume in cubic decimetres, the value of 

V will be 22.413 when p is 1 and T is 273. R will, therefore, have a value of 
1 X 22.413/273, i.e. 0.082 dm?-atmosphere K~! mol7!. 

Since 1 calorie is equal to 4.18 joule, the value for R of 8.314 3 J K~! mol? is 
approximately equal to 2 calorie K~' mol~? and this simple numerical value is 
sometimes useful. 
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Graham, in 1846, compared the rates at which various gases diffused 
through porous pots, and also the rates of effusion through a small aper- 
ture. His results were summarised in his law of. diffusion which states that 
the rate of diffusion (or effusion) of a gas, at a constant temperature and 
pressure, is inversely proportional to the square root of its density. In 
mathematical form, 

Rate of diffusion ee aT 

or effusion Density 

By comparing the rate of diffusion of two gases, A and B, it is possible to 
measure the density of one if that of the other is known, for 

Rate of diffusion of A __/Density of B 
Rate of diffusion of B ~~ ‘V Density of A 

As hydrogen has the lowest density of any gas it diffuses most rapidly. 

Small 8. Comparison of rates of effusion. Fairly accurate 

hole results can be obtained for the relative rates of 
effusion of two gases using the apparatus shown 

GS in Fig. 6. 

A is a piece of platinum foil sealed over the 

end of tube B and containing a small hole 

through which a gas from B can effuse into the 

atmosphere. The tube B is immersed in water 

or some other suitable liquid. By first allowing 

the tube to fill, up to the three-way tap, with 

B liquid, it can be filled with gas through C and 

the three-way tap. The gas is then allowed to 

effuse through the hole in the platinum foil, the 

time being taken for the liquid level in B to rise 

from X to Y as the gas escapes from the tube 

into the atmosphere. The experiment is repeated 

a p ee 4 Spiele ae with a second gas in the tube B. 
effusion. The measurements give the times taken for a 

definite volume of each gas to effuse under the 

same conditions. If these times are ¢, for gas 1 and ¢, for gas 2, then, by 

Graham’s law, 

Tis [Density of gas 2 
ty Density of gas 1 

If the density of one of the gases is known, that of the other can be easily 

calculated. 
The errors in such a method arise, mainly, from the difficulty in getting 

the tube B absolutely full of the gas in question, and from the fact that 

Pt foil, —» 

Lh ! ' 
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the pressure of the gas in the tube varies slightly throughout the experi- 

ment, More complicated apparatus is necessary to overcome these diffi- 

culties. 

9. The density of a gas. There are two ways of expressing the density of a 

gas or vapour. It can be expressed as a density, in g dm~? or other similar 

units e.g. kg m~%, or, as a relative density, by comparing the mass of any 
volume of the gas or vapour with that of an equal volume of hydrogen. 
The relative density of a gas or vapour is also known as the vapour density 
and, by definition, F 

Relative (vapour) density _ Mass of any volume of gas or vapour 
of a gasor vapour — Mass of an equal volume of hydrogen 

Measurement of the density of a gas is made by measuring the mass of an 
evacuated globe, filling it with gas at a known temperature and pressure, 
and measuring the new mass. This gives the mass of the gas required to fill 
the globe. The volume of the globe is then measured by filling it with water, 
and finding the mass. The density is obtained by dividing the mass of the 
gas by its volume. 

Measuring the mass of gases, however, is always difficult for a reasonable 
volume of gas is not very heavy. Moreover, evacuation of vessels is neces- 
sary for, normally, a vessel is full of air though it may be spoken of as 
being empty. 

Regnault tried, in 1845, to eliminate or reduce the likely errors by using com- 
pensating globes. Two similar globes are hung from the arms of a balance and 
enclosed in a draught-proof chamber. Globe A, being fitted with a stop-cock, 
is the one which is evacuated or filled with gas; globe B, full of air and sealed, is 
the compensating globe. Regnault used globes of about 50 dm? capacity, but, 
with modern balances, 2 dm® globes suffice. Any variation in atmospheric 
conditions affects both globes equally. 

In making a measurement, globe A is first of all dried by passing dry air and 
then the dry gas under investigation through it. This is to replace any moisture 
film inside the globe with a film of gas. The globe is then evacuated and is counter- 
poised against the globe B together with a few weights on the balance pan above 
B. Globe A is then filled with gas, under known conditions of temperature and 
pressure. The additional weights which have to be added to the pan above globe 
B enables the mass of the gas in globe A to be obtained. 

The volume of globe A is determined by filling it with water and measuring 
the mass, again making corrections for temperature and for the mass of air 
displaced by the globe. 

Lord Rayleigh repeated many of Regnault’s density determinations, between 
1885 and 1892, with even greater accuracy. It was in this work that he discovered 
the discrepancy between the density of atmospheric nitrogen (1.2572 g dm~3) 
and nitrogen prepared from chemical sources (1.2560 g dm~3), an observation 
which led to the discovery of the noble gases. 

When relative densities of gases, and not densities, are required to be 
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measured by this direct method, the density of hydrogen must also be 
obtained. The relative density of any gas, X, is then given by 

Relative density eth Density of X 
of gas, X Density of hydrogen 

10. Measurement of gas density by buoyancy method. Gas densities can be 
measured by comparing the buoyancy of a small, evacuated quartz bulb in 
gases at different pressures. 

The apparatus used is known as a microbalance. A quartz bulb is attached 
to one end of a quartz balance beam, the beam being’supported on a 
knife-edge, or, better, by a torsion fibre. At the other end of the beam 
there is a counterweight and a pointer, the whole being enclosed in a glass 
case (Fig. 7). 

Knife edge or torsion 

ee To pump, gas 
—> supply & 

manometer 

her Counterweight 

Fic. 7. Diagrammatic arrangement in a microbalance. 

The glass container is first evacuated and then filled with the gas under 

test at such a pressure that the beam balances with the pointer at the zero 

mark. The pressure, p,, is measured. After a second evacuation, oxygen, or 

some other reference gas, is introduced and the pressure, po, necessary to 

maintain the pointer on the zero mark, is recorded. 

If the density of the gas under test is p, at s.t.p. it will be p,p, at a 
pressure of p,. The upthrust on the quartz bulb will, therefore, be p,p, 
multiplied by the volume of the bulb. When supported in oxygen (with 

density po at s.t.p.), at a pressure of po the upthrust will be ppp multiplied 

by the volume of the bulb. 
As the balance beam rests in the same position in both cases, the 

upthrust on the bulb must be the same whichever gas is being used, so 

that 

PoPo = PoPo 

By measuring p, and po, and knowing the density of oxygen, p, can be 

calculated. 
The measurement is a relative one against a standard gas of known 

density. Only pressure measurements have to be made, and very small 

quantities of gas can be used. 
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11. Dalton’s law of partial pressures, Dalton found, in 1801 that the total 

pressure exerted by a mixture of gases, which do not interact, is the sum of 
the pressures which each gas would exert if it were present alone in the entire 
volume occupied by the mixture. The pressures exerted by each gas separately 
are known as their partial pressures, and the above statement is called 

Dalton’s law of partial pressure. 

Dalton arrived at the law experimentally, but it can be deduced from the 

gas equation. If a mixture of gases consisting of n, mol of A and n, mol 

of B occupy a volume, V, then, if ‘Pi and p, are the partial pressures of 

A and B, 

aX VEH=nXRXT 

and pp, X V=mx RxT 

If the total pressure exerted by the mixture of gases is p, then, 

pxXx V=(y+m)x RxXT 

and, therefore, p must be equal to p; + po. 

The law of partial pressure is not widely used, but it is often necessary to 

find the pressure exerted by a dry gas from a knowledge-of the pressure 

exerted by a mixture of the dry gas with water vapour, i.e. by the wet gas. 
In this case, 

Total pressure of dry __ Pressure Pressure of 
gas plus water vapour of dry gas ' water vapour 

The pressure of the water vapour, at any given temperature, can be ob- 
tained from tables, so that the pressure of the dry gas is easily obtained. 

The partial pressure of a gas in a gaseous mixture is also used as a con- 
venient measure of its concentration (p. 307). 

12. Gay-Lussac’s law of combining volumes. Cavendish had found, in 1781, 
that water was formed by sparking a mixture of hydrogen and air, and he 
had estimated that 2 volumes of hydrogen combined with 1 volume of 
oxygen. In 1805, Gay-Lussac and Humboldt repeated the determination, 
and again obtained the ratio 2:1. Struck by the apparent simplicity of this 
ratio, Gay-Lussac examined other data relating to the volumes in which 
gases reacted together, and made further investigations. 

His results led, in 1808, to the law of combining volumes which states 
that when gases react they do so in volumes.which bear a simple ratio to each 
other and to the volume of any gaseous product, all volumes being measured 
under the same conditions of temperature and pressure, 

Typical results, used or a by Gay-Lussac (but with modified 
figures in some cases), are 
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a Oxygen + Hydrogen —>» Steam 
1 vol 2 vols 2 vols 

b Nitrogen + Hydrogen —» Ammonia 
1 vol 3 vols 2 vols 

As with other laws relating to gases Gay-Lussac’s law has been shown, 
by modern work, to be not strictly accurate, simply because real gases are 
not perfect. But the impact of the law, coming, as it did, very shortly after 
Dalton had put forward his atomic theory, was of immense importance, 
as will be seen in the following chapter. 

QUESTIONS ON CHAPTER 4 

1. Use the gas equation to calculate (a) the volume occupied by 200 g of 
chlorine at 15°C and 54.71 KN m~?, (6) the volume occupied by 200 g of carbon 
dioxide at 98.65 kN m~? and 30°C. 

2. If the gas constant is expressed per molecule instead of per mole it is some- 
times called the Boltzmann constant. What is the value of this constant. 

3. Derive the relationship between the density of a gas in grammes per dm? 
(d), the gas pressure in atmospheres (p), the relative molecular mass of the gas 
(M,),the absolute temperature (7) and the gas constant (R). If dry air is regarded as 
21 per cent by volume of oxygen, 1 per cent of argon and 78 percent of nitrogen, 
what will its density in g dm~? be at 20°C and 98.65 kN m7? pressure? 

4. The density of solid carbon dioxide is 1.53 g cm~*. What volume of gas is 
obtained, at 15°C and 101.325 kN m7? pressure, from 1 cm? of solid carbon 
dioxide? 

5. State Graham’s law of diffusion of gases, and give a qualitative explanation 
of it in terms of the kinetic theory. Describe an experiment to demonstrate 
gaseous diffusion. 
A certain volume of ethanoic acid vapour was found to diffuse in 580.8 seconds, 

whilst the same volume of oxygen, with the same experimental conditions, took 
300 seconds to diffuse. What deductions can be made as a result of this experi- 
ment? (N.) 

6. Discuss the diffusion of gases in terms of the kinetic theory. Illustrate the 
use of this phenomenon for (a) the determination of relative molecular mass, 
(6) the separation of gaseous mixtures. (O. Schol.) 

7. Describe some simple experiments which illustrate gaseous diffusion. A 
given volume of a certain gas was found to diffuse in two-thirds of the time taken 
by an equal volume of hydrogen chloride under the same physical conditions. 
What is the relative molecular mass of this gas? (Army and Navy.) 

8. A compound gave, on analysis, X = 90.35 per cent and H = 9.65 per cent, 
and was found to diffuse through a porous plug with two-thirds of the velocity of 
nitrogen. What is the molecular formula of the compound? (X = 28.1; 
N = 14.0. 
9. Cetin the ratio of the rate of diffusion of a gas at 91°C and O°C ata 

constant pressure. 
10. If the density of hydrogen at s.t.p. is x g dm7* what will it be at 10°C and 

100 kN m7? pressure? 
11. Compare the rates of diffusion of (a2) ammonia and hydrogen, (5) hydrogen 

and deuterium, (c) oxygen and ozone and (d)7*UF, and 7°UF,. Why is the result 
obtained in (d) of practical importance? 
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12. A mixture of gases at s.t.p. contains 65 per cent nitrogen, 15 per cent carbon 
dioxide and 20 per cent oxygen by volume. What is the partial pressure of each 
gas in kNm~?? 

13. The partial pressures of the components of a mixture of gases are 26.64 
KN m~? (oxygen), 34 kN m7? (nitrogen) and 42.66 kN m~? (hydrogen). What 
is the percentage by volume of oxygen in the mixture? 

14. Prove that the fraction of the total gass pressure exerted by one component 
of a gaseous mixture is equal to the fraction of the total number of molecules 
provided by that component. 

15. The mole is a fundamental concept of chemistry. Review some of the 
chemical quantities which are generally defined in terms of moles. 



Chapter 5 

Molecular theory 

1. The importance of Gay-Lussac’s law. When Gay-Lussac’s law was first 
put forward (1808), Dalton’s atomic theory held the stage. It is important 
to realise, too, that this stage was not well adorned. Chemical symbols had 
only just been introduced, and then only in geometrical shapes; no 
chemical formulae were known with any degree of certainty; relative 

atomic masses could only be guessed; chemists of the day had to make use 

of very rudimentary equipment; and the number of chemists actively en- 

gaged in research was not very great. 

Dalton’s atomic theory had been so successful in accounting for the 

gravimetric laws of chemical combination, that it seemed hopeful that it 

ought to account, too, for volumetric laws. This was particularly so 

because of the close numerical similarity which seemed to exist between 

the laws of multiple proportions, as interpreted by Dalton’s atomic theory, 

and Gay-Lussac’s law of combining volumes. 

Atoms, according to Dalton, combined together in small, whole-number 

ratios; gases, according to Gay-Lussac, combined, by volume, in small 

whole-number ratios. 

It seemed more than likely that there must be some relation between 

-atoms and volumes of gases, and Dalton suggested that equal volumes of 

all gases, under the same conditions, contained the same number of atoms. 

Such a suggestion was not tenable, however, for it was incompatible with 

the view that atoms were indivisible. 

In the reaction between hydrogen and chlorine, for example, 

1 volume of st 1 volume of : 2 volumes of 
hydrogen chlorine hydrogen chloride 

and, on Dalton’s assumption that equal volumes of all gases contain equal 

numbers of atoms, 

n atoms of 4 0 atoms of » 2n compound atoms (mole- 
hydrogen chlorine cules) of hydrogen chloride 

or 1 atom of m 1 atom of » 2 compound atoms (mole- 
hydrogen chlorine cules) of hydrogen chloride 

But 1 compound atom (molecule) of hydrogen chloride must contain at 

least 1 atom of hydrogen (it would not be hydrogen chloride, otherwise), 

and, therefore, 2 compounds atoms (molecules) of hydrogen chloride must 

contain at least 2 atoms of hydrogen. 

In the above reaction, however, on Dalton’s assumption, 2 compound 

atoms (molecules) of hydrogen chloride must be formed from 1 atom of 

hydrogen. 1 atom of hydrogen must, therefore, be capable of providing 

two atoms of hydrogen, but because atoms are indivisible this is absurd. 

The same predicament was reached in all reactions in which the volume 

of a gaseous product was greater than the volume of any one of the gaseous 

elements from which it had been formed. 
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Dalton reacted to this impasse unfavourably, by suggesting that Gay- 

Lussac’s law was not true because it was based on inaccurate measure- 
ments, but Berzelius adopted a more moderate attitude and considered 
that the difficulty could be overcome by modifying the atomic theory in 
some way. 

2. Avogadro’s hypothesis. The problem was solved by a bold and imagina- 
tive suggestion made by Avogadro in 1811, and now known as Avogadro’s 
hypothesis. This states that equal volumes of all gases, under the same condi- 
tions of temperature and pressure, contain equal numbers of molecules (not 
atoms, as supposed by Dalton). 

The significance of this is that Avogadro conceived the idea that elements 
might, sometimes, exist as groups of atoms (molecules) rather than as 
single atoms. In modern terms, the idea of the atomicity of an element, i.e. 
the number of atoms in one molecule of an element, was born, and the 
indivisible atom which had controlled Dalton’s thinking too rigidly was 
joined by another equally important particle, the molecule, which could 
be divided. 

Having rejected Gay-Lussac’s law, Dalton also rejected Avogadro’s 
hypothesis, and yet this was the hypothesis which was able to account for 
Gay-Lussac’s law, and, also, to help in settling Dalton’s other main 
difficulty, that of deciding how many atoms were present in the molecule 
of a compound. 

The full potentiality of Avogadro’s hypothesis was not, however, ex- 
ploited until 1858, when Cannizzaro, a pupil of Avogadro, developed the 
ideas and, in so doing, placed theoretical chemistry on firmer foundations 
than those on which it had rested in the early part of the nineteenth 
century. 

3. Interpretation of Gay-Lussac’s law. The atomicity of hydrogen. Dalton 
was not able to account for the experimental result 

1 volume of 1 1 volume of 2 volumes of 
hydrogen chlorine hydrogen chloride 

but Avogadro’s hypothesis can do so. For, by applying the hypothesis, 
n molecules biti molecules : 2n molecules of 
of hydrogen of chlorine hydrogen chloride 

or 1molecule 4 1 molecule 2 molecules of 
of hydrogen of chlorine hydrogen chloride 

The number of atoms in the molecules of hydrogen, chlorine and 
hydrogen chloride cannot be finally decided from this result, but the re- 
action can be expressed as 

H, + Clay —> 2H,Cl, (i) 
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where x and y must have whole number values. The molecule of hydrogen 

must, therefore, be H2 or H, or Hg etc. That it is H, is supported by four 
lines of evidence: 

a. 1 volume of hydrogen is never known to produce more than 2 volumes 

of any gaseous product in any reaction. In other words, 1 molecule of 

hydrogen is never known to split up into more than two atoms. The 

atom of hydrogen is, therefore, half the molecule, so that the molecule is 

probably H,,-i.e. hydrogen is diatomic. 

b. Hydrogen chloride dissolves in water to form hydrochloric acid, and 

this acid forms no acid salts. This means that the acid is monobasic, and 

that its correct formula is probably HCl,. If this is so, the value of x in 

equation (i) is 1 and hydrogen is diatomic. 

c. Cannizzaro’s method, described on page 49. 

d. The value of the ratio of the specific heat capacities of hydrogen indi- 

cates that it is diatomic (p. 78). 

4. M, = 2 x Relative density (d). This important relationship was derived 

by Cannizzaro by a straightforward application of Avogadro’s hypothesis. 

The relative molecular mass, M,, previously known as the molecular 

weight, of an element or compound is defined in much the same way as the 
relative atomic mass (A,) of an element is. Either the hydrogen or, more 

accurately, the 12C scale may be used (p. 31 and 130). Thus, 

M, of anelement _ Mass of 1 molecule of element or compound 
or compound Mass of 1 atom of hydrogen 

M, of an element _ Mass of 1 molecule of element or compound 

oF orcompound ~— i; < Mass of 1 atom of ?C 

The relative density of a gas or vapour is defined (p. 40) as 

Relative density of ___Mass of a volume of gas or vapour 
gas or vapour (d) _— Mass of an equal volume of hydrogen 

all volumes being measured at the same temperature and pressure. This 

definition can be rewritten, by applying Avogadro’s hypothesis, as, 

__ Mass of n molecules of gas or vapour 
ie Mass of 2 molecules of hydrogen 

Mass of 1 molecule of gas or vapour 
or d= ee e—eeee 

Mass of 1 molecule of hydrogen 

And; because hydrogen is diatomic, the mass of one molecule of 

hydrogen must be twice the mass of one atom of hydrogen. Therefore, 
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es Mass of 1 molecule of gas or vapour 
"2X Mass of I atom of hydrogen 

__ M, of gas or vapour 
oF D 

ie. M,=2xd 

This relationship is best remembered in this simple form, but if the 
definition of relative molecular mass on the C scale had been used to 
derive the relationship it would have been 

M, = 2.016 x d 

The importance of the relationship is that it enables values of relative 
molecular masses to be obtained from values of relative density, and, as 
will be seen (p. 57), the experimental mesurement of relative density is 
not difficult. 

5. The mole. The number of atoms in 1 mol of 2C is obtained by dividing 
12 g by the mass of an individual atom of !C. The answer, known as the 
Avogadro constant, has a value of 6.02252 x 1073 mol? and this is used 
in defining an amount of substance known as a mole. 
A mole is the amount of a substance containing as many elementary 

particles as there are in 12 g of °C. Or, alternatively, a mole is the amount 
of substance which contains 6.02252 x 10% elementary particles. 

The particles concerned may be molecules, atoms, ions, radicals or 
electrons. As a mole is an amount it can be expressed in a variety of different 
units of mass or volume. So far as mass is concerned, the recommended 
units, on the SI system, are kilogrammes. Thus the mass of: 

1 mol of hydrogen, Hz, is 2.0160 x 10-3 kg 
2 mol of hydrogen, H2, is 4.0320 x 10-3 kg 
1 mol of hydrogen ion, H+, is 1.0080 x 10-3 kg 
1 mol of sulphate ion, SO,?-, is 96 x 10-3 kg 
1 mol of electrons, e~, is 0.54860 x 10-6 kg 

There are two main advantages in expressing quantities in moles, i.e. of 
using molar quantities. In the first place, the number of moles of a sub- 
stance is directly proportional to the number of elementary particles, 
64 kg of oxygen does not, at first sight, appear to be twice as much as 2 kg 
of hydrogen. On a mass basis it isn’t twice as much; but on a molar basis 
it is, for there are twice as many molecules in 64 kg of oxygen as there are - 
in 2 kg of hydrogen. 

Secondly, as is explained in the following section, 1 mol of any gas or 
vapour occupies the same volume under the same conditions of temperature 
and pressure. 
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6. Molar volume. Since 1 mol of any gas contains, by definition, the same 

number of molecules it must also, by Avogadro’s hypothesis, occupy the 

same volume at s.t.p. It is, therefore, only necessary to find the volume 

occupied by 1 mol of any gas to know the volume occupied by 1 mol of 

any other. 

The density of hydrogen at s.t.p. has been measured experimentally 

(p. 40) and found to be 0.089 g dm~$ or 0.089 kg m~°. Therefore, taking 

1 mol of hydrogen as 2.016 g, it follows that it must occupy 2.016/0.089, 

i.e. 22.4 dm? or 2.016 x 1073/0.089 i.e. 22.4 x 10-° m5, at s.t.p. 1 mol of 
any other gas must also occupy 22.4 dm? at s.t.p. and this value is known 

as the molar volume. 

22.4136 dm? mol! or 22.4136 x 10-3 m> mol~! are more accurate 
figures. 

7. Gramme-equivalent. Gramme-atom. Gramme-molecule. Neither equiva- 

lent mass nor relative atomic or molecular masses have any units; they 

are simply numbers. The numbers can, however, be expressed in grammes 

(or any other units) and can be used, in this way, to denote definite amounts 

of substance. The following numerical examples will illustrate the usage, 

Hydrogen, H, Oxygen, O2 

Equivalent mass 1.0080 
1 gramme-equivalent 1.0080 g 

Relative atomic mass 1.0080 
1 gramme-atom 1.0080 g 

Relative molecular mass 2.0160 
1 gramme-molecule 2.0160 g 

Since the introduction of the mole as the unit for the amount of a 

substance the use of the gramme-equivalent, gramme-atom and gramme- 

molecule is no longer necessary. The terms will, however, be found in 

older writings and it is possible that they may linger on despite all recom- 

mendations that their use should be discontinued. 

8. Cannizzaro’s method for fixing relative atomic masses. One of the most 

important developments of Cannizzaro’s use of Avogadro’s hypothesis 

was his method of fixing relative atomic masses. The values for such 

important elements as carbon and nitrogen could not be fixed by either 

Dulong and Petit’s rule or by Mitscherlich’s law of isomorphism, whereas 

Cannizzaro’s method is directly applicable to elements, such as these, 

which form a large number of volatile or gaseous compounds. 

Cannizzaro took as his definition of relative atomic mass the smallest 

mass of an element found in 1 mol of any of its compounds. In this way he 
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approached the idea of an atom and of relative atomic mass in a different 
way from that adopted by Dalton. 

His method may be summarised as follows, as applied, for example, to 

finding the relative atomic mass of carbon: 

a. Measure the relative densities (p. 57) of a large number of volatile or 
gaseous compounds of carbon. 

b. Double the values obtained in a to obtain values for the mole of the 
substances concerned. 

c. Analyse the substances to find the percentage, by mass, of carbon 
which they contain. 

d. Use the carbon percentage figure to calculate the mass of carbon in 
1 mol of each of the substances. 
e. Take the smallest mass of carbon ever found in 1 mol of any carbon 
compound as the relative atomic mass of carbon, on the basis that at 
least some of the compounds of carbon will contain only 1 atom of 
carbon per molecule, and, therefore, only 1 mol of carbon per mol of 
compound. 

Some typical figures (below) for carbon compounds will illustrate the 
method. The lowest mass of carbon in 1 mol of any carbon compound 
is found to be 12 g, and Cannizzaro, therefore, took the relative atomic 
mass of carbon to be 12. 

It is now known that values obtained in this way are not absolutely 
accurate, for the calculation makes use of the relationship M, = 2 x d 
which is only strictly accurate for perfect gases. 

Accurate relative atomic masses can be obtained, however, by multiply- 
ing the equivalent mass of the element concerned by the small whole 
number which gives a value nearest to that of the approximate relative 
atomic mass. If the Cannizzaro value for the relative atomic mass of an 
element is, for example, 14, and if the equivalent mass of the element 
is 4.669, then the accurate relative atomic mass will be 4.669 x 3, ice. 
14.007. 

Percentage 
Compound Relative by mass of 

density carbon in 
compound 

Methane 
Ethane 
Ethyne 
Benzene . 
Propane . : 
Carbon dioxide 
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By his method Cannizzaro was able to find the probable relative 
atomic masses of such elements as hydrogen, carbon, silicon, nitrogen, 
phosphorus, arsenic, oxygen, sulphur, chlorine, bromine and iodine. What 
is more, his method indicated the number of atoms to be found in one 
molecule of various compounds, which is what Dalton and earlier workers 
had not been able to do. 

In this way, for instance, Cannizzaro produced convincing evidence that 

hydrogen was diatomic. For he was able to show that the mass of hydrogen 

in 1 mol of hydrogen was twice the smallest mass of hydrogen found in 

1 mol of any hydrogen compound. 

Similarly he showed that steam contained 2 atoms of hydrogen and 

1 atom of oxygen per molecule, so that its formula must be H,O. 

Cannizzaro devised, then, not only a method of obtaining relative 

atomic masses, but also a method of assigning firm chemical formulae to 

a large number of volatile compounds. In 1858 this was, indeed, a great 
step forward. 

9. The Avogadro constant. The number of molecules in 1 mol of a substance 

or the number of atoms in 12 g of ?C, is known as the Avogadro constant. 

It is equal to 6.02252 x 1073 mol~? and can be measured in a variety of 
ways. Two of the simplest and most accurate methods will be considered. 

a. From measurement of the charge on the electron. 96487 n coulomb (C) 

are required to deposit 1 mol of a metal from its ions, M"*, during elec- 

trolysis (p. 89). This involves the discharge of L ions each with a charge 
of n X e coulomb, where L is the Avogadro constant and e is the charge 

on the electron. The value of e is 1.60210 x 10~' C, so that 

96487 
~~ 1.602 x 10°" 6.022 x 1073 L 

b. From measurement of the lattice spacing in a crystal. In this method, the 
measured density of a crystalline substance is equated to the density of the © 

crystal calculated from the measured lattice spacing. 
The interionic distance in the crystal of potassium chloride, for instance, 

is found to be 3.1454 x 107° cm by X-ray analysis (p. 215). The volume 

‘of the small cube formed by four Kt and four Cl~ ions will, therefore, be 

(3.1454 x 107°)? cm’. 
Four ion-pairs of potassium chloride will be found within this small 

cube, but each ion will be shared equally with seven other similar, and 
surrounding, cubes. The mass of the material in the small cube can, there- 
fore, be regarded as 4m/8, i.e. m/2, where m is the actual mass of an ion- 
pair of potassium chloride. m will be equal to M/L, where M is the relative 
molecular mass of potassium chloride and L is the Avogadro constant, so 
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that the mass of the small cube will be M/2L g. Its calculated density will 
be M/2L. (3.1454 x 10-8)? g cm=3, 

As the measured density of the crystal is 1.9893 g cm-3, 

M eo 
3 G.1454 x 10-5 ~ 1.9893 

which leads to a value for L of 6.024 x 1073, 

10. Summary of uses of Avogadro’s hypothesis. The main uses of Avogadro’s 
hypothesis may be summarised as follows: 

a. It introduces the idea of a molecule of an element or, in other words, 
the idea of the atomicity of an element. 

b. It accounts for Gay-Lussac’s law of combining volumes. 

c. It leads to the important relationship, M. = 2 x d. This provides one 
of the main methods of obtaining relative molecular mass values from 
measurements of relative density (p. 57). 

d. It leads to the ideas of the mole and molar volume, and the very im- 
portant results that 1 mol of any substance contains the same number of 
molecules and 1 mol of a gas occupies 22.4 dm? at s.t.p. 

e. It leads to Cannizzaro’s method of determining relative atomic masses 
and molecular formulae. 

f. It enables the numbers of molecules of gases participating in a reaction 
to be related directly to the gas volumes, and vice versa. If one molecule 
of nitrogen and three molecules of hydrogen react, for example, to 
form two molecules of ammonia, Avogadro’s hypothesis leads to the 
result that one volume of nitrogen will react with three volumes of hydro- 
gen to form two volumes of ammonia, so long as the volumes are measured 
under the same conditions of temperature and pressure. Being able to 
interchange mols for vols, so far as gases are concerned, is very useful. 

g. The Avogadro constant enables the number of entities (molecules, ions, 
atoms, etc.) in any amount of a substance to be obtained. The number of 
molecules in x gramme of a substance of relative molecular mass, M,, 
will be 6.02252 x 1073 x x/M,. 

QUESTIONS ON CHAPTER 5 

1. If you were provided with supplies of hydrogen and of chlorine explain, in detail, what you would do to illustrate the truth of Gay-Lussac’s law. 2. Explain fully the meaning of the following terms: atom, molecule, atomicity, gramme-equivalent, molecular formula. 
3. Why do you think that (a) hydrogen, (6) nitrogen and (c) oxygen are di- 
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atomic? What is the evidence for the monatomicity of neon? How would you attempt to discover the atomicity of mercury in the vapour state? 
4. Write short biographical sketches on (a) Avogadro, (6) Dalton, (c) Gay- 

Lussac and (d) Cannizzaro. 
5. Explain fully why Avogadro’s hypothesis was first put forward and why it 

eventually became so important. 
6. Show how Avogadro’s hypothesis can be deduced from the basic assump- 

tions of the kinetic theory. 
7. What evidence is there to support the essential validity of Avogadro’s 

hypothesis ? 
8. Chlorine is said to be a diatomic gas. Is this true at all temperatures? Is I, a 

reasonable formula for iodine over a wide range of temperature? 
9. A mixture of 10 cm? of a gaseous hydrocarbon and 100 cm? of oxygen 

(excess) was exploded. The volume after explosion was 75 cm}, and this was 
reduced to 35 cm? on treatment with potassium hydroxide solution. Deduce the 
molecular formula of the hydrocarbon and give its possible structural formulae. 
Explain the principles on which your calculation is based. 

10. The densities of three gaseous compounds of an element Y are respectively 
1.25, 1.875 and 2.50 g dm~*. Each compound contains six-sevenths of its weight 
of Y. Calculate the probable relative atomic mass of Y. 

11. The measured vapour densities of water, dinitrogen oxide, nitrogen 
dioxide, ethanoic acid, carbon dioxide, carbon monoxide, and ozone are 9, ee 
15, 30, 22, 14 and 24 respectively, and the percentage by mass of oxygen in these 
substances are 88.1, 36.4, 53.33, 53.33, 72.75, 57.14 and 100 respectively. What 
is the probable approximate relative atomic mass of oxygen? What further 
measurements would be necessary to find the accurate relative atomic mass? 

12. Deduce the probable relative atomic mass of carbon from the following 
data: 

Compound Relative density| % by mass of C 

Carbon monoxide 
Carbon dioxide 
Ethane 
Ethene 
Benzene . 

Toluene . 
Propane . 

13, How many gas molecules will there be in an X-ray tube of volume 2 dm? 
if the temperature is 17°C and the pressure inside the tube is 1.33322 x 10-3 
N m7? (1075 mm of mercury) ? 3 

14, A vacuum tube at 27°C was evacuated until it contained only 4 x 10% 
molecules. At this stage the pressure was 1.6 x 107-7 Nm=~? (1.2 xX 10-5 mm of 
mercury). What was the volume of the tube? 

15. How many atoms are there in one-tenth of a gramme-equivalent of (a) alu- 
minium, (b) carbon, (c) oxygen, (d) hydrogen, (e) magnesium, (f) helium? 

16. To what extent do you believe in the existence of molecules? Summarise 
the evidence on which your views are based. 

17. What type of particle, and what number of particles, would be found in 
(a) 1 mol of methane, (5) half a mole of iodine at a temperature high enough for 
dissociation to be complete, (c) 1 mol of fully ionised barium chloride, (d) 1 mol 
of fully dissociated phosphorus pentachloride? 
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18. Explain why it is necessary to know the equivalent mass of the element 
concerned when using Cannizzaro’s method of relative atomic mass determina- 
tion to obtain really accurate values. 

19, Two flasks of equal volume are connected by a narrow tube of negligible 
volume. Initially each flask is at 27°C and the system contains 0.10 mol of helium. 
The pressure is 202.65 kN m~” One of the flasks is then put in a thermostat at 
227°C whilst the other is kept at 27°C. Calculate the overall final pressure and the 
number of moles of helium in each flask. 

If the system contained 0.10 mol of hydrogen iodide (gas) at 27°C and 202.65 
kN m~? pressure, and the same procedure was followed, would you expect the 
same result ? 

20. Explain what is meant by the terms density and relative density, and des- 
cribe briefly how you would measure the relative density of nitrogen and of 
propan-2-one (acetone). 

Discuss briefly why the measurement of relative density is important in 
chemistry. 
What conclusions do you draw from the observation that the relative density of 

sulphuric(v1) acid is 24.5 at 450°C? 
21. Discuss the various methods that have been adopted to find the numerical 

value of the Avogadro constant. 
22. The Avogadro constant should not be referred to as Avogadro’s number 

because it is not a number. Comment on this statement. 
23. Write short biographical sketches of Dalton, Gay-Lussac and Avogadro. 
24. What will be the mass of a mixture containing 0.67 mol of hydrogen and 

0.33 mol of oxygen? 
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Measurement of relative molecular mass 

1, Summary of methods. The method adopted for measuring the relative 
molecular mass of either an element or a compound depends, mainly, on 
whether the substance is a gas, a volatile liquid or solid, or a non-volatile 
solid which is soluble in a suitable solvent. 

a. For gases. The relative molecular mass of a gas is generally obtained by 
measuring its relative density and then multiplying the value by 2. The 
relative density may be obtained by direct measurement (p. 40), or by 
measuring the rate of diffusion of the gas as compared with that of a gas 
of known density (p. 40). For accurate results the method of limiting 
densities (p. 56) must be applied. 

For gaseous hydrocarbons, the relative molecular mass can be found by 
measuring the volume changes when the hydrocarbon is sparked with 
excess of oxygen and the resultant carbon dioxide is absorbed in alkali 
(p. 57). 

by measuring the relative density of the vapour obtained from the volatile 

liquid or solid, and then using the relationship M, = 2 x d. There are 

three well known experimental methods; (i) Victor Meyer’s, (ii) Dumas’s, 
(iii) Hofmann’s. 

Steam distillation (p.252) can also be used as a method of relative 
molecular mass measurement. 

c. For non-volatile solids_in_solution. The methods, here, depend on the 
measurement of vapour pressure, osmotic pressure, freezing point lowering 

or boiling point elevation. They are described on pp. 265, 268, 273 and 
288. , 

RELATIVE MOLECULAR MASSES OF GASES 

2. From density measurements, The relative density or the density of a gas 

can be measured either by Regnault’s direct method (p. 40) or by com- 

paring the rate of diffusion of the gas against that of a gas of known 
density under the same conditions and applying Graham’s law (p. 38). 

If the relative density of a gas is measured, then its relative molecular 

mass value is obtained by doubling the relative density figure. If the 

density of a gas is measured the relative molecular mass is obtained by 

calculating the mass of 22.4 dm? of the gas. 
Such relative molecular mass values are quite accurate enough for many 

purposes, but they are not absolutely accurate as the relationships used in 

their calculation are only really true for ideal or perfect gases. To obtain a 

more accurate relative molecular mass value for a gas, such as may be 

required in calculating accurate relative atomic masses, it is necessary to 
use the method of limiting densities. 
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3. Method of limiting densities. The gas equation, (p. 37), 

DV = nRT 

applies for n mol of a gas. The number of moles, n, is equal to W/M,, where W 
is the weight of the gas and M is its relative molecular mass. Therefore, 

pV= a or M,= ae 

Such equations hold accurately for an ideal or perfect gas, but pV varies with 
pressure for real gases so that the relative molecular mass M,, of a real gas also 
varies with pressure. > 

The deviation from the gas laws gets less and less as the pressure is lowered, 
and, at zero pressure, all gases obey the gas laws (p. 72). To obtain really accurate 
relative molecular mass values for a gas it is, therefore, necessary to try to esti- 
mate the experimental results which would be obtained if it was practicable to 
make measurements on a gas at zero pressure. This can only be done by a graphical 
method involving extrapolation down to zero pressure. 
By measuring values of pV for a gas at different pressures, all at 0°C, and plot- 

ting the pV values against p, the value at zero pressure, i.e. po Vo, can be found 
by extrapolation. At a pressure of 101.325 kN m~? (1 atmosphere), i.e. at s.t.p., 
the corresponding value is p1V;, and the ratio p,V;/poVo is used in finding accu- 
rate relative molecular masses as follows: 

WRT of t =e M, of gas at p; (Mj) o55 

Accurate M, of gas at zero pressure (Mo) = a 
oro 

Mi _ Poo Biv ee ee My) = M; x +} 
Mo Pili . : PoVo 

For ammonia, the measured density at s.t.p. is 0.77169 g dm~%, which, taking 
the molar volume as 22.414 dm}, gives a molecular weight of 17.297. 

The piV;/poVo ratio obtained from pV — p graph is 75990/771 69, so that the 
accurate relative molecular mass of ammonia is given by 17.297 x 75990/771 69, 
i.e. 17,032. The difference between this value and that obtained at S.t.p. is about 
2 per cent. 

The density of a gas in g dm~° at s.t.p. is given by M,/22.414 and the value of 
M,/22.414, which is known as the limiting density of the gas, is related to it as 
follows: 

Limiting density = Density at s.t.p. x PV 
PoVo 

The limiting density of ammonia is, therefore, 0.75990 g dm-3, 

4. Relative molecular masses of gaseous hydrocarbons. In this method, a 
known volume of a gaseous hydrocarbon is mixed with excess oxygen in a 
eudiometer, and the mixture is exploded by sparking. The products are 
carbon dioxide, steam and excess oxygen, but, on cooling, the steam 
condenses and the volume of water formed may be neglected as compared 
with the gas volumes. The decrease in volume on sparking, after the 
condensation of the steam, is measured. 
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Addition of potassium hydroxide solution absorbs all the carbon dioxide 
formed so that its volume is also measured. All volumes must be measured 
at, or converted to, the same temperature and pressure. 

The reaction between any hydrocarbon and oxygen can be represented 
by the equation 

C,Hy + (x+y/4)0, = xCO, + y/2H,0 
1 vol (x + y/4) vol x vol y/2 vol of steam 

(Negligible vol of water) 

the volumes of gases taking part being as shown. 
If the original volume of hydrocarbon is taken as 1 volume, then: 

a. Decrease in volume on sparking, after conden- = (l+x+y/4) — x 
sation of steam = (1 + y/4) 

b. Volume of carbon dioxide, i.e. decrease in 
volume on adding potassium hydroxide == 55 

The value of y can be obtained from the measured values of a. and the 
value of x from b. 

Once the values of x and y are found, the molecular weight of the hydro- 
carbon is equal to (12x + y). 

RELATIVE MOLECULAR MASSES OF VOLATILE 
LIQUIDS OR SOLIDS 

5. Victor Meyer’s method. In this method a known mass of a volatile 
liquid is quickly vaporised by 
raising its temperature well above 

its boiling point, and the volume 

occupied by the resulting vapour 
is obtained by measuring the 
volume of air it displaces. 

The apparatus used is shown 

in Fig. 8. For normal use the 

inner tube, A, is made of glass, 
D Gas_ and the outer jacket, B, of glass 

burette oy copper. A liquid, whose boil- 

ing point is considerably higher 

than that of the substance whose 

Rubber Yelative density is to be measured, 
tubing is placed in B, and gently boiled 

to provide a jacket of hot vapour 

Fic. 8. Victor Meyer’s apparatus for round the lower half of tube A. 
measuring vapour density. Meanwhile the mass of a small 
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bottle with a ground-glass stopper, known as a Victor Meyer bottle, is 

measured, first empty and then about three-quarters full of the substance 

whose relative density is to be measured. 

When the jacket of hot vapour around tube A has built up, the delivery 

tube, C, is connected to a gas burette. If the liquid level, D, does not re- 

main steady it means that thermal equilibrium has not been established, 

i.e. that air in tube A is still expanding or contracting. It is necessary to 

wait until the level D does remain steady and, when this is so, the two levels 

in the two limbs of the gas burette are equalised (to ensure that the pressure 

inside tube A is equal to atmospheric pressure) and the level of D is re- 
corded. 

The rubber stopper, E, is now removed, the Victor Meyer bottle, of 

known mass, is dropped into tube A, and the stopper is quickly replaced. 

Sand or asbestos at the bottom of tube A prevents breakage. At the higher 

temperature at the bottom of tube A, the volatile liquid rapidly vaporises, 

blows the stopper out of the Victor Meyer bottle, and pushes air from tube 

A into the gas burette. The level, D, goes down and its lowest level is 

recorded, again with the two levels in the limbs of the gas burette equalised. 

The atmospheric pressure and room temperature must be recorded, and, 

if water is used in the gas burette, the pressure of saturated water vapour at 

room temperature must be obtained from tables. 

After use, and whilst still hot, the vapour remaining in tube A must be 

blown out by inserting a long tube so that the apparatus will be ready for 
use again. 

Typical results, using propan-2-one (acetone) (b.p. = 56°C) as the vola- 

tile liquid and water (b.p. = 100°C) in tube B, are as follows. 

Mass of propan-2-one = 0.124 g 
Atmospheric pressure = 102.2kNm~? 
Room temperature = 13°C 
Volume of moist air displaced 

at 13°C and 766 mm. = 50 cm? 
Saturated water vapour 

pressure at 13°C = 1.5kNm-? 
.. Pressure of dry air displaced = 102.2 — 1.5 = 100.7kKN m7? 
.. Volume of dry air displaced ale LOO Sy 273s 

at s.t.p. = ROOTS 08 
= 47.4cm> Rando prank Yn 

*. 47.4 cm® of propan-2-one vapour at s.t.p. weigh 0.124 g 

22400 *, 22400 cm? of propan-2-one vapour at s.t.p. weigh 0.124 x 474 & 

.. relative molecular mass of propan-2-one = 58.58 

yi The following more detailed points are of interest: 
ey 

i. A rapid vaporisation of the volatile liquid in tube A is essential. If vaporisa- 
tion is slow, some vapour may diffuse upwards into the colder part of A and 
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condense. This would cause the displacement of too small a volume of air. 
To ensure rapid vaporisation it is desirable to have a liquid in tube B whose 
boiling point is about 50 K above that of the volatile. liquid in A. 

. The air displaced from the bottom of tube A by the vapour is hot air, but its 
temperature need not be known for the air collected in the gas burette is 
measured at room temperature and atmospheric pressure. All that is required 
is that it should be measured at some definite temperature and pressure so 
that its volume at s.t.p., which is what is required, can be calculated. It is not 
necessary, therefore, to know the temperature of the vapour in tube B. 

. Correction for water vapour pressure can be avoided if mercury is used in the 
gas burette. 

re i 

hae ii 

Victor Meyer’s method is the most important one for measuring relative 
densities as it is simple to carry out and very adaptable. Only small quan- 

tities of volatile liquid are needed, and the method can be used over a 
wide range of temperature. Measurements can be made at low temperatures 
by using liquefied gases in tube B, and high temperature readings can 
be taken, up to about 2000°C, using inner tubes of porcelain or iridium 
and electrical heating. 

6. Dumas’s method. In this method, a large glass bulb is filled with vapour 
and both the mass and volume of the vapour are measured. 
A bulb of the shape shown in Fig. 9 is used and its mass when full of air 

is first measured. It is then warmed slightly and its 

mouth is placed under the volatile liquid whose relative 
density is to be measured. On cooling, a few cubic 

centimetres of the liquid are drawn into the bulb. The 

bulb is then clamped in a heating bath containing a 

liquid whose boiling point is well above that of the 

volatile liquid in the bulb. The heating liquid is boiled, 
ae ae and when all the volatile liquid has vaporised the bulb 

is quickly sealed at the tip using a blow-pipe flame. 

The sealed bulb is now full of vapour at the temperature of the boiling 
liquid in the heating bath and at atmospheric pressure. Both these values 
must be measured, along with the room temperature. 

When the bulb is removed from the heating bath, the vapour inside it 

condenses, and the total mass is measured giving the mass of the bulb full 

of vapour. The tip of the bulb is now broken off under water, whereupon 

the bulb fills with water. Measuring the mass of the bulb full of water gives 

the mass of water which it contains and hence the internal volume can be 
found. 

The mass of air in the supposedly empty bulb must be taken into account 

in relation to the mass of vapour, but is negligible as compared with the 
mass of water. 

Typical results using ethoxyethane (ether), and a water bath, are as follows: 



Mass of bulb full of air 
Mass of bulb full of 

ethoxyethane vapour 
Temperature of heating bath 
Room temperature 
Atmospheric pressure 
Mass of bulb full of water 

.”. Mass of water 

.. Internal volume of bulb 

.. Volume of air in bulb at s.t.p. 

Density of air at s.t.p. 
.. Mass of air in bulb 
.. Mass of evacuated bulb 
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= 18.320 g 

18.432 g 
100°C 
13°C 
100.8 KN m-? 

=112.4¢g 
= 94.08 g 
= 94.08 cm? 

273 
im 94.08 x 786 * 

= 0.0013 gcm-? 
= 89.32 x 0.0013 g = 01161 ¢g 
= 18.320-0.1161 g = 18.2039 g 

100.8 ss 3 701.3°™ = 89.32 cm 

*, Mass of ethoxyethane vapour 
in bulb = 18.432-18.2039 g = 0.2281 ¢ 

Volume of ethoxyethane vapour El 273 | 100.8 5 3 ieee = 94.08 x 373 x ior3°™ 68.50 cm 

Relative molecular mass of a 0.2281 x 22400 
ethoxy ethane 68.50 

= 74.6 

Dumas’s method is, essentially, a gravimetric method, and as such, is 

<— 

Thermometer 

Hot 
~<— vapour 

Mercury 

Fic. 10. Hofmann’s apparatus 
for measuring vapour density. 

capable of good accuracy. It requires, how-- 

ever, more of the volatile liquid than Victor 

Meyer’s method, and its use at high tempera- 
ture, using porcelain bulbs, is not very con- 
venient. 

7. Hofmann’s method. This method is useful when 
the substance used decomposes at its normal 
boiling point because vaporisation is brought 
about under reduced pressure and, therefore, at 
a lower temperature. 
A barometer tube, filled with mercury and 

graduated in cm’, is surrounded by a jacket of 
hot vapour from a boiling liquid (Fig. 10). A 
known mass of volatile liquid in a Victor Meyer 
bottle is inserted under the bottom of the baro- 
meter tube so that it rises up into the space above 
the mercury. Here the liquid vaporises, and the 
volume of vapour produced is recorded from the 
level of the mercury. This is the volume of vapour 
at the temperature of the external jacket, which 
must be measured, and at a pressure given by 
subtracting the final level of the mercury column 
from its initial level. The corresponding volume 
at s.t.p. can readily be calculated, and, as the 
mass of the vapour is known, the relative density 
can easily be calculated. 

The method can give accurate results if all the 
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factors, such as the expansion of the tube and the mercury at higher tempera- 
tures, are taken into account, but it is cumbersome, not easy to read, and not 
readily adaptable for use at high temperatures. 

“i 8. Effect of dissociation on relative density values. When a solid, liquid or 
gas splits up, reversibly, on heating into other molecules or atoms it is said 
to undergo thermal dissociation. Examples of substances which dissociate 
in this way are provided by phosphorus pentachloride, dinitrogen tetroxide 
and iodine, the nature of the dissociation being shown by the equations, 

PCIs(g) == PCl3(g) + Cl(g) N,0.(g) == 2NO,(g) L(g) = 21(g) 
The extent of the dissociation is measured by the degree of dissociation, 

usually represented by the symbol «, which is the fraction, or percentage, 
of the original undissociated molecules which have dissociated. The degree of 
dissociation is constant at any one temperature and pressure, for an 

equilibrium mixture is set up, but the degree of dissociation may change 

with temperature and pressure. When the dissociation is complete, « is 

equal to 1 or 100 per cent. 

When dissociation leads to a change in the number of molecules present, 

it affects relative density measurements. The measured relative density of 

ammonium chloride, for example, is always found to be half the value 

which would be expected if ammonium chloride existed as NH,Cl mole- 

cules in the vapour state. This is because ammonium chloride is completely 

dissociated, in the vapour state, into ammonia and hydrogen chloride, 

NH.Cl(g) —> NH;(g) + HCl(g) 

This complete dissociation doubles the number of molecules as com- 

pared with the number which would be present if there was no dissociation. 

The vapour, therefore, occupies twice the volume (there are twice the 

number of molecules), but, as dissociation does not cause any change in 

mass, the resulting relative density is halved. 

If the degree of dissociation is below 1 or 100 per cent, the measured 
relative density as compared with that calculated on the basis of no dis- 

sociation can readily be calculated. If the degree of dissociation of phos- 

phorus pentachloride, for example, is ~, at a certain temperature, and if 

1 mol of phosphorus pentachloride be considered, the state of affairs as a 

result of dissociation can be summarised in the equation, 

PCI,(s) == PC(g) + CL(g) 
(i — «) mol « mol « mol 

This means that the 1 mol which would have been present if no dis- 

sociation had taken place is replaced by (1 + «) mol. This causes an 

increase in volume, and it follows that 

Volume as a result of dissociation 1+«a 
Volume if no dissociation 1 
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and, as increasing volume leads to lowering of relative density, 

Relative density as a result of dissociation 1 
Relative density if no dissociation [+e 

In numerical terms, the relative density of phosphorus pentachloride, if 

it did not dissociate, would be half its relative molecular mass, i.e. 208.5/2 
or 104.25. The measured relative density of phosphorus pentachloride 
at 200°C is, in fact, found to be 70. It follows that 

70S eed 
104.25 Ita 

so that « is equal to 0.489 or 48.9 per cent. Different values would be found 

at different temperatures. 

Notice that the effect of thermal dissociation on relative density measure- 

ments only becomes apparent when the dissociation produces a change in 

the number of molecules. Hydrogen iodide dissociates, 

2HI(g) == H.(g) + L(g) 

but, as there is no change in the number of molecules, the measurement of 
relative density is not affected. 

Notice, too, that the formula derived above applies only to dissociation 

in which 1 molecule splits up into 2. In the more general case of 1 molecule 
splitting up into n molecules, i.e. 

A, — nA 

(i — «) mol ne mol 

it follows that, 

Relative density as a result of dissociation _ 1 
Relative density if no dissociation es eee a 

oh 9. Effect of association on relative density values. Association is the Joining 
together of two or more like molecules to form a single molecule of higher 

‘relative molecular mass, 
Association in the vapour state causes a decrease in the number of 

molecules and a corresponding increase in the measured relative density. 
The relative density of ethanoic (acetic) acid, CH; . COOH, for instance, 
at certain temperatures, has a measured value of 60, giving a relative 
molecular mass for ethanoic:acid of 120. The expected relative molecular 
mass of ethanoic acid on the basis of the formula, CH; . COOH, would be 
60. The measured relative molecular mass of 120 comes about because 
ethanoic acid is fully associated into double molecules, 

2CH; . COOH(g) —> (CH; . COOH),(g) 

in the vapour state at certain temperatures. 
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Other examples of substances giving abnormal relative density results 
because of association are iron(m) chloride (FeCI;), aluminium chloride 
(AICI), and the oxides of phosphorus (P,O; and P,O;). In each case, 
relative density measurements show that the molecules actually existing in 
the vapour state have twice the relative molecular mass of the simple 
molecules given in brackets. Iron(m) chloride, for instance, exists as 
Fe2Cl,, and so on. 

QUESTIONS ON CHAPTER 6 

1. For oxygen, the relative atomic mass is twice the equivalent mass, and the 
relative molecular mass is four times the equivalent mass. For hydrogen, the 
equivalent mass and the relative atomic mass are equal, but the relative molecular 
mass is twice this value. For neon, the relative atomic and molecular masses 
are alike, and the equivalent mass has no significance. Account for these facts. 

2. State Avogadro’s hypothesis. Outline the experimental method and theo- 
retical deductions which led to the conclusion that the hydrogen molecule con- 
tains two, and only two, atoms. Explain how it is possible to use this conclusion 
to find the relative atomic mass of an element which forms volatile compounds. 

196.5 cm? of the vapour of a volatile metal, measured at 600°C and 101.325 
kN m~? pressure, weighed 0.55 g. Calculate the relative molecular mass of the 
vapour of the metal. (N.) 

3. Describe how you would measure the relative molecular mass of ethoxy- 
ethane (ether) by Victor Meyer’s method, paying due attention to the necessary 
experimental precautions. Using this method, a liquid whose normal boiling- 
point was 56°C was volatilised in a jacket at 100°C. 0.200 g of the liquid caused 
the displacement of 85.0 cm? of air, measured at 17°C over water at a pressure of 
10° N m~?. Calculate the relative molecular mass of the substance. (Vapour 
pressure of water at 17°C = 2 x 1073 Nm.) (N.) 

4. Calculate the relative molecular mass of chloroform from the following 
data obtained by Victor Meyer’s method. 0.220 g of trichloromethane (chloro- 
form) displaced 45 cm$ of air measured at 20°C and 100.7 KN m~? pressure. The 
saturated vapour pressure of water at 20°C = 2.319 x 103 N m7’. 

5. The rate of diffusion of a volatile metallic fluoride containing 32.39 per cent 
of fluorine is 13.27 times as slow as that of hydrogen. Establish the formula of 
this fluoride and the relative atomic mass of the metal. (W.) 

6. Explain the reasoning which leads to the conclusion that the relative molecu- 
lar mass of a gas is twice its relative density. The chloride of a certain element has 
a relative density of 69 and contains 77.5 per cent of chlorine. Comment on these 
figures. (Army and Navy.) 

7. State the laws governing the behaviour of a perfect gas and explain how the 
changes concerned are summed up in the expression py = RT, where p is the 
external pressure, v is the volume of the gas, R is constant and T is the Absolute 
temperature. 

A Victor Meyer determination showed that the volume of a vapour measured 
at s.t.p. corresponding to a weight of 0.3050 g of a substance was 56.9 cm?. 
The percentage composition of the substance as determined by analysis was 
C = 10.04 per cent, H = 0.84 per cent and Cl = 89.12 per cent. What is the 
formula of the substance? 

8. Define relative atomic mass and relative molecular mass. Quote two pieces 
of evidence that the atomicity of the hydrogen molecule is two and give one 
important application of this fact. 
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When 0.1963 g of an organic acid chloride is added to water the products 
require for complete neutralisation 50.0 cm* 0.1M sodium hydroxide. The same 
mass of the compound is found to occupy approximately 74 cm* when in the 
vapour state at 100°C and 100 kN m~? pressure. Calculate the exact relative 
molecular mass of the compound and suggest its structural formula. (N.) 

9. Deduce the relation between the relative density of a gas and its relative 
molecular mass. Indicate the assumptions on which this relation is based. What 
is the significance of the ratio of relative molecular mass to the density of any gas? 

100 cm? of iodine vapour at 600°C took 125 s to diffuse through a porous 
plug whereas an equal volume of oxygen under similar conditions took 50 s. 
Calculate the degree of dissociation of the iodine vapour at 600°C. (W.) 

10. Iodine is ten per cent dissociated at 900°C at atmospheric pressure. If 
0.254 g of iodine were dropped into a bulb of a Victor Meyer apparatus at 
900°C, what volume of air would be collected at s.t.p. and what would be the 
apparent relative molecular mass? (W.) 

11. Explain what is meant by the molar volume of a substance. At 50°C 
and 98.65 kNm-~? pressure 1 dm? of partially dissociated dinitrogen tetroxide 
(N20,) was found to have a mass of 2.5 g. What is the degree of dissociation of 
the compound under these conditions. (Army and Navy.) 

12. The apparent relative molecular mass of iodine at 55°C was found to be 
165; calculate the degree of dissociation of iodine into atoms at this temperature. 

13. 2.25 g of phosphorus pentachloride vaporised completely at 200°C to 
occupy a volume of 618 cm? at one atmosphere pressure. Calculate the relative 
density, and from this the degree of dissociation of phosphorus pentachloride 
under these conditions. 

14. Describe one method of determining the relative molecular mass of a vola- 
tile substance, deriving any relationships on which the method depends. 0.1 g of 
ammonium carbamate (NH, . COONH,) was completely vaporised at 100°C 
and 101.325 kN m~? pressure. The vapour occupied a volume of 117 cm’. What 
can you infer from this? (O. & C.) 

15. The relative density of steam at 2000°C is 8.9. What is the percentage 
dissociation into hydrogen and oxygen? 

16. What evidence, other than the abnormal vapour density results, is there 
for the thermal dissociation of (a) N2Ox, (6) PCI; and (c) NH,Cl? 

17. Write equations representing as many examples of thermal dissociation as 
you can think of. 

18. If a gas of density d, has a degree of dissociation, x, and gives, on dissocia- 
tion, a gaseous mixture of density d;, prove that x = (d, — d2)/(n — 1)d,, 
where 7 is the number of molecules obtained from the complete dissociation of 
1 molecule of the original gas. 

19. The specific heat capacity of a metal X is 0.226 J g-'K~‘and it forms two 
oxides containing 11.88 per cent and 21.23 per cent of oxygen. It forms a volatile 
chloride the relative density of which is approximately 130. Calculate the relative 
atomic mass of X; assign formulae to the two oxides and deduce the molecular 
formula of the chloride, stating the principles on which your calculations are 
based. 

Give one example (with supporting reasons) of an element for which the Canniz- 
zaro method of relative atomic mass determination would be appropriate. (W.) 

20. The relative density of nitrogen dioxide at 60°C and 101.325 kN m~? is 
28.3. Find the percentage dissociation under these conditions, and calculate the 
dissociation constant, K,, in terms of the partial pressures of N.O, and NO;. 
At what pressure would the relative density be 32.5 at this temperature? (B.S.) 

21, A sample of pure ethanoic (acetic) acid weighing 0.410 g is heated in a 
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glass bulb, volume 448 cm, provided with a manometer. At 127°C the pressure 
in the bulb was 25.33 KN m~? and the acid had all vaporised, no other gas being 
present. The temperature was then raised to 227°C when the pressure rose to 
59.46 kN m~?. Calculate the relative molecular mass of ethanoic acid under these 
two conditions. If you think that a chemical reaction occurred on heating from 
127°C to 227°C write an equation for it. The ethanoic acid may be recovered 
unchanged at the end of the experiment. (B.) 

22. When 0.1 g of a pink crystalline metallic chloride was vaporized at 1200°C, 
771.5 cm? of vapour was produced, this volume being measured at the experi- 
mental temperature and pressure. 

The salt was only very sparingly soluble in water yielding, in the cold,,a violet 
solution. A large volume of this solution which contained 0.0053 g of salt was 
treated with silver nitrate(v) solution, the precipitate obtained having a mass of 
0.0143 after drying. Calculate the relative atomic mass of the metal. Assuming 
that the experimental data are accurate only to +7 per cent, attempt to identify 
the metal with the aid of the information provided (Cl = 35.5 Ag = 108 Cr = 52 
Mn = 55 Fe = 56 Co = 59 Ni = 59). (C. Schol.) 

23. What do you consider to be the relative advantages and disadvantages of 
Victor Meyer’s, Dumas’s and Hofmann’s method of measuring relative density ? 



Chapter 7 

Kinetic theory 

THE kinetic theory was developed, between 1860 and 1890, mainly by 

Clausius, Clerk Maxwell and Boltzmann. The_theory_is mainly_useful in 
accounting for the known properties_of gases, but it also clarifies many 
problems. concerned with liquids.and_solids.. 

1. Outline of the theory. The ideas of the kinetic theory were not put for- 
ward by one individual, or.at one time, but the ideas underlying the theory, 
which finally accumulated, may be summarised as follows: 

a. Matter is made up of particles. These particles may be small groups of 
atoms (molecules), or, in monatomic gases, single atoms. 

b. The particles in a gas are in continual, rapid, random motion in straight 
lines in every direction. They continually collide with each other and 
with the walls of any containing vessel. The pressure exerted by a gas on 
the walls of its containing vessel is due to bombardment by the moving 
particles. 

Though the same idea of random motion applies to the particles in a 
liquid the motion is greatly decreased, and it is still further decreased 
in a solid. 

c. The particles in a gas are separated from each other by distances 
which are large as compared with the size of the particles. In a liquid, the 
particles are closer together, and they are still closer in a solid. In simple 
treatments the particles are regarded as points. 

d. The particles are regarded as being perfectly elastic, so that the collisions 
they undergo in a gas do not result in any change in the total amount of 
kinetic energy of the gas. 

TI nee : f the individual ic 2 nf 

at.a.constant.temperature,.though the kinetic energy of one particular 
particle may vary enormously depending on the nature of the collisions 
it undergoes. 

e. Increase in temperature causes the motion of the particles to increase, 
the average kinetic energy of the particles in a gas being proportional to 
the absolute temperature of the gas. 

2. The fundamental kinetic equation. The quantitative applications of the 
kinetic theory are based on the fundamental equation, 

PV = 4mnu? 

where p is the pressure exerted by the gas, Vis its volume, 2misthe mass of 
One molecule, x is the total number of molecules of gas present, and uw is 
the root mean square velocity. 
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The root mean square is a rather unusual way of expressing an average value. 
The average of such quantities as 1, 2, 3, 4 and 6 would, most commonly, be 
taken as the sum of the quantities divided by five, i.e. 16/5 or 3.2. This is correctly 
‘described as the arithmetic mean of the quantities. 

The root mean square of the quantities is given by 

Preprepe Le 66 ee = /% = visa = 3.633 

The root mean square velocity of gas molecules, u, is, therefore, obtained from 
the expression,,. 

rv) fay? + uy? + us? + us. eb ue 
n 

where 7 is the total number of molecules concerned, and w1, U2, U3, Us. . . Up ATE 
their individual velocities. 

kinetic_energy_per-molecule |S AL Shwwt GT @ Sra te, 

3. Derivation of pV = 4mnu. The equation is derived by considering n mole- 
cules, each of mass m g contained in a cube of side /cm. 

The velocity of any one single molecule, u,, can be resolved into components, 
x, y and z acting in directions parallel to the three sides of the cube. If this is 
done, then, 

u;? — x? + y at gz? 

The pressure on one face of the cube is due to all the components in the same 
direction as x; that on the other faces is due to the components in the same 
directions as y and z. 

In the direction of x, the molecule with total velocity uv, travels x cm in 1 s. 
It can, however, only travel / cm before colliding with a wall, and for each / cm 
it travels it will undergo one collision with a wall. In one second, therefore, it will 
undergo x// collisions. 

Before collision, the momentum of the single particle, in the direction of x, 
will be mx. After collision, which is perfectly elastic, the momentum will have the 
same value, but opposite sign. The change of momentum for every single collision 
is, therefore, mx — (—mx), i.e. 2mx. 

As there are x// collisions per second, the change of momentum per second, in 
the direction of x, will be 

2mx? x 

OST Sry 
2 

In the direction of y, the change of momentum will, similarly, be aay and in 

yd 

the divection of = it will be E 

The total change of momentum per second, caused by one single molecule, 
will, therefore, be 

2mx* , 2my? 5 2mz?* 
l 1 1 

2 

i.e. am (+ y?+ 27) or ome 
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For n molecules the total change of momentum per second will be 

2 

2 us? +t + us .+4u,7) or ar 

Now, by Newton’s law, the force exerted on a surface by bombarding particles 
is equal to the rate of change of momentum of the particles. The force exerted on 
the faces of the cube by molecular bombardment is, therefore, 

2mnu? 
1 

Because pressure is force per unit area, and because the area of the six faces 
of the cube is 6/, the pressure exerted by the gas will be 

2mnu? za manu? 

6/3 ie wesiS 

But /° is the volume of the cube, i.e. the volume of gas under consideration, and, 
therefore, 

iz 

p= or pV = 4mni 

If u is in ms~*, m in kg and V in m’, then p will be in newton metre-?. 

4. Kinetic theory and Boyle’s law. According to the kinetic theory, the 
average kinetic energy of the molecules of a gas is proportional to the 
Kelvin or absolute temperature. This average kinetic energy is equal to 
4mnu?, and, therefore, 

"dmnu? = = = kT) 

For a given mass of gas at a constant eranceauiamence will be con- 
stant, and 4mmnu?, i.e. pV must. also be constant. 

Thus Boyle’s law is derived from the kinetic theory. 

5. Kinetic theory and the gas equation and Charles’s law. As explained in 
section 4, 

4mnu? = kT 

and, therefore, 

4mnu? = k’T 

But, by the fundamental kinetic equation, 4mnu? = pV and, therefore, 

which is the statement of the gas equation (p. 37). 
_At constant pressure, _ 

ae 

which is the statement of Charles’s law. 
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Both the gas equation and Charles’s law are, in this way, derived from 
the kinetic theory. 

As 

4mnu? = kT 

it follows that, at absolute zero, i.e. T= 0, u would also be zero, i.e. the 
molecules in a gas at absolute zero would be at rest. 

The fundamental kinetic equation can be rewritten in the form, 

DV = % X 4mni? 

or, if $mmnu? is written as E (the kinetic energy of the molecules), 

\/ pv = E | 
For one mol of gas, however, the gas equation gives — 

\pV = RT 
and, therefore, forone mol, 

\RT=3E | 
_R is the molar gas constant (p. 37) and it has a value of 8.3143 JK~-! 

mol7*. The kinetic energy of the molecules in 1 mol of a _gas is, therefore, 
approximately 12.5T joule, where T is the Kelvin or absolute temperature. 

(The value of R in cal K~* mol=1 is approximately 2 (p. 37) so that the 

energy of molecules in 1 mol of a gas is approximately 37 cal.) 

6. Kinetic theory and Dalton’s law of partial pressure. For a gas, pV = 3E, 
where E is the kinetic energy of the molecules. If a mixture of gases is 
considered, 

E=E,+ Es, 

where E, and E; are the kinetic energies of the components, A and B, of 
the mixture. 

Therefore, for a mixture of gases, 

If the pressure exerted by A is py, then p,V = 3E, and, similarly, for 

B, PaV = 3Ex. 
~ It follows, then, that 

P=Dat Pps 

which is the statement of Dalton’s law of partial pressure, 

7. Kinetic theory and Graham’s law of diffusion. From the fundamental 

kinetic equation it follows that 
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At a constant pressure, then, u « s/f > and if the rate of diffusion of a gas 

and as the density of a gas, p, is equal to 

is taken as being proportional to u, it follows that Nook Gm" 
Bee ~—, tT \ V a es Vee oe 

Rate of diffusion <, /= Pie ia as 
a 2 =e KL hn~Aao v an 

which is Graham’s law. (24 

8. Kinetic theory and Avogadro’s hypothesis. If equal volumes of two gases, 

both at the same | pressure, are considered, then, for the first gas, 

PV = Amn? 

and, for the second, 

DV = Amn? 

If the gases are also at the same temperature, then 

tmu,* = 4mzu,? * 

It follows that 7, must equal 2, and this is the statement of Avogadro’s 

ees eae 

_ 9. Molecular velocities. The fundamental kinetic equation enables mole- 
cular velocities to be calculated. The value obtained is the root mean 
square velocity, and not necessarily the velocity of any one molecule. 

For hydrogen, at s.t.p., the density is equal to 0.09 kg m~? and from 
the equation derived in section 7. 

3p 
p 

the root mean square velocity is equal to 

fos ie. 1838 m s7! 

u= 

0.09 

This speed, about that of a rifle bullet, is over a mile per second, but 
hydrogen, with the lowest density, has the highest root mean square 
velocity of any gas. At s.t.p., the root mean square velocities in m s~}, 
of other typical gases are, 

Oxygen 460 Water vapour 610 
Nitrogen 493 Carbon dioxide 390 
Argon 410 Mercury vapour 180 
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Uo VF 
The root mean square velocity of a gas is proportional to the square 

root of the Kelvin temperature. This means that the velocities at 1000°C 
are rather more than twice the velocities at 0°C. 

- 10. Distribution of molecular velocities. The result of the numerous mole- 
-_cular collisions within a gas is that the velocities of the individual molecules. 
vary enormously. Most molecules have a velocity close to the average, but 
some molecules may acquire considerably higher or lower velocities as a 
result of a series of favourable or unfavourable collisions. 

The distribution of velocities amongst the molecules «of a gas was 
calculated, by Maxwell and Boltzmann, from the laws of probability. The 
distribution of kinetic energy follows the same pattern as the distribution 
of velocities. 

NO. OF MOLECULES —> 

VELOCITY OF MOLECULES ——> 

Fic. 11. The distribution of molecular velocities in a gas at a temperature, T;, 
and a higher temperature, 7). 

Maxwell’s distribution law may be expressed, in a simplified form, as 

E 

nr caene 

where Mp is the total number of molecules, and 7 is the number having an 

energy greater than the value E.* 

The result of such a distribution lawf is conveniently shown graphically 

* e, which is numerically equal to 2.71828 . . . , is the base of Napierian logarithms, 
just as 10 is the base of ordinary logarithms. If y = 10*, then x = logioy; if y = e*, 
then x = log.y. Log.y is often written as In,. To convert ‘ordinary logs to Napierian 
logs, multiply by 2.3026. 

+ That the law should take this form can be seen quite readily. If the chance of one 
favourable collision is 1/x, the chance, P, of n favourable collisions in a row will be 
equal to (1/x)”, i.e. 

1 n 

Pi (2) 

InP = nin |x or In P = yn or Prem 

The chance of a molecule having an energy greater than a value, £, will, therefore, 
be proportional to e~7” for E will be proportional to 7. 
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as in Fig. 11. It will be seen that, at any temperature, most molecules have 
about an average energy but that some have small or high energies. At 
higher temperatures the number of molecules with high kinetic energy in- 
creases whilst the number with average energy decreases. 

their root mean square velocities. This is because theze are so many inter- 
molecular collisions, which cause such tandom motion. A swarm of bees 
can be in constant motion and not make much forward progress, and it is 
difficult to work one’s way through a jostling crowd. The mean distance 
travelled by a molecule in a gas before it collides with another molecule is 

11, Mean free path. Gases diffuse at speeds very much less than those of 

Numerical values can be obtained from measurements of viscosity, and the 
application of the kinetic theory to considerations of viscosity is one of the further 
extensions which are beyond the scope of this book. Suffice it to say that Maxwell 
predicted, from the kinetic theory, that the viscosity of gases would be inde- 
pendent of their densities and that it was one of the great triumphs of the kinetic 
theory when this was verified experimentally. 

The relationship between viscosity and mean free Path is given by 

eae 
ae MPEP 

where / is the mean free path, 7 the coefficient of viscosity, p the pressure and 
p the density. 

Some values of mean free paths, at S.t.p., obtained from viscosity 
measurements, are summarised below 

Hydrogen 11.23 Ammonia 4.41 
Oxygen 6.47 Carbon dioxide 3.97 
Helium 17.98 _ Carbon monoxide 5.84 

The values are given in micrometres. At low pressures the mean free paths 
rise to several centimetres. 
The number of collisions undergone by one molecule in one second is 

obtained by dividing the mean velocity by the mean free path, Values of the 
order of 10° to 10° are obtained at s.t.p. For hydrogen, at s.t.p., the 
value is 10.33 x 10°, and even at low pressures there may be about 2 x 105 
collisions per second. 

12. Deviations from gas laws. A perfect gas may be defined as one which 
fully obeys Boyle’s law, but real gases are not perfect and all the gas laws 
are Only approximately true. All the gas laws can, however, be derived 
from the kinetic theory, and if the gas laws are not absolutely true then the 
tenets of the kinetic theory must only be approximate. 
The simple kinetic theory is, in fact, an over-simplification, mainly_on 
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two counts, First, it regards gas molecules as having no size in. comparison. 
with the total gas volume, i.e. it regards molecules as pin-points, Secondly, _ 
simple kinetic theory considerations disregard cohesive forces between 
molecules. 

Both these factors have been taken into account by many workers in 
efforts to modify the gas laws and produce relationships which will be 
absolutely accurate. 

van der Waals, for example, in 1873, replaced the gas equation, 
pV = RT, by an equation, 

oe +5 mo ie a a te 1 so ptt 

which is known as van der Waals’ equation; a and 6 are numerical con- 

stants for any given gas, s, and R is the gas constant. | 

Cohesive forces between molecules mean that a molecule near the surface of a 
gas experiences an inwards attractive force, and the force decreases the pressure 
compared with that which would be exerted if it did not exist. The total inward 
pull will be proportional to the number_of surface molecules being pulled, and_to 
the number_of molecules_in the interior_that-are doing the pulling Both_these 
factors are proportional to the density of the gas concerned, and, for a given 
mass of gas, at a fixed temperature and pressure, are inversely proportional to the 
volume of the gas. The inward pull may, therefore, be written as a/V, and this 
must be added to the pressure to make up for the inward forces. Hence the 

( pt a) term in van der Waals’ equation. 

The fact that molecules_ 
are free to move is less than the. total volume which.the.gas.accupies. Instead of 
V in the gas equation, then, van der Waals wrote (V — 5b), where b represents 
the volume actually occupied by the molecules themselves; it is called the ex- 
cluded volume. 

van der Waals’ equation fits the experimental facts better than the simple 
gas equation, but agreement with all experimental data is still not completely 
exact, and many other equations of state, as they are called, have been suggested. 
The best known, which still retain a reasonably simple form, are those of Berthelot 
and of Dieterici, both of which try to account for the fact that the cohesive force 
between molecules depends on temperature. 

Berthelot’s equation (2 aE i) (V — B)= 

Dieterici’s equation p(V — be!” = RT 

More complicated equations give still closer agreement with experimental 
results, but are more difficult to handle. 

The values of a_and_b_in-van- der Waals’_equation_are.constants for any 

one gas, but different. gases have.different values..The numerical values can 

be obtained by fitting the equation to experimental results of p, V and 7, 

or, more commonly, from the critical constants of gases. 
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13. Critical constants. When a gas is cooled to a low enough temperature 

and then compressed it can be converted into a liquid. For each gas, how- 

ever, this can only be done below a certain temperature known as the 
critical temperature. If a gas is above its critical temperature, no degree of 
compression will liquefy it. 

The critical temperature is generally denoted by T,. The pressure which 
just suffices to liquefy a gas at its critical temperature is called the critical 
pressure, p,. The volume occupied by 1 mol of gas at its critical temperature 
and pressure is known as the molar critical volume, V.. The values of T-, p- 
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Fic. 12. pV isothermals for carbon dioxide. 

and V., known as the critical constants, are constants for any one gas, but 
their values differ from gas to gas. 

The behaviour of gases in the neighbourhood of their critical constants 
was first investigated by Andrews in 1869. He obtained p and V values for 
carbon dioxide at different temperatures and plotted p against V at each 
temperature to give a series of isothermals. The results are shown graphic- 
ally in Fig. 12. ‘ 

If pV was equal to a constant, i.e. if Boyle’s law held, then P plotted 
against V should give a rectangular hyperbola. At high temperatures the 
experimental curve approaches a rectangular hyperbola, but, at low 
temperatures, the isothermals are discontinuous, splitting up into three 
parts. 
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If the curve ABCD is considered, the part AB represents the effect of 
increasing pressure in decreasing the volume of a gas. Between B and C, 
however, there is a very large volume change with no change in pressure. 
This represents the liquefaction of the gas. At C, liquefaction is complete, 
and the curve CD represents the effect of pressure on the volume of liquid 
produced. The steepness of CD as compared with AB shows that a liquid 
is much less compressible than a gas. 

The ends of the horizontal portions of different isothermals form an 
approximate parabola when joined together, and the apex of this gives the 
point at which the horizontal portion of the isothermals just disappears. 
This represents the critical point, X. 

For carbon dioxide the relevant isothermal occurs at 31°C, so that this 
is the critical temperature for carbon dioxide. The critical pressure is 
7.372 MN m7’. Carbon dioxide can, therefore, be liquefied at room 
temperature under a big enough pressure. 

Other critical temperatures are 

Helium —268°C Sulphur dioxide 1575€ Ammonia 131°C 

Hydrogen —239°C Carbon monoxide — 139°C Oxygen —119°C 

Nitrogen —147°C Carbon dioxide 31°C Chlorine 141°C 

Gases whose critical temperatures lie below room temperature are some- 

times referred to as r permanent gases, This name originated a century ago 

when it was found impossible to liquefy these gases simply by increasing 

the pressure. 

Above the critical temperature, isothermals do not show any discon- 

tinuity, and it is not possible to detect the precise point at which a liquid 

becomes a gas or vice versa. If a liquid, represented by point Z in Fig. 12, 

be heated at constant pressure until its temperature reaches 48°C its condi- 

tion at different temperatures will be represented by the line ZY. At Z, the 

substance concerned is a liquid; at Y, it is a gas. The change has taken 

place smoothly and continuously, and this is expressed by referring to the 
continuity of state. 

14. Critical constants and van der Waals’ equation. If van der Waals’ equation is 
written in the form 

— (RT + pb)V? + aV — ab =0 
it represents a cubic equation in V. For any given values of p and T, therefore, 
there will be three values of V, since R, a and 6 are constants for 1 mol of a given 
gas. 

If p is related to V by an equation like van der Waals’ then p plotted against V 
would give curves like that shown in the full lines in Fig. 13. Such a curve is very 
similar to the experimental p—V curves obtained by Andrews (Fig. 12) except 
that the horizontal portion (dotted line) is replaced by a curved portion. The full 
line curves in Fig. 13 can give three values of V for any one value of p, but at a 
temperature when the humps disappear, i.e. at the critical temperature where there 
is no horizontal portion corresponding to the humps, all the three values of V 
will be identical. 

4 
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At the critical temperature, therefore, V is equal to V- so that 

(V 7 Vy =0 

or 

V?— 3V.V?+ 3V2V — V3 =0 

Van der Waals’ equation, at the critical point, gives, however, 

RT, ) aV > ab 
3 — oe eae 2 —S{= — — = 

F ( De +0) tek Pe De 

It follows, then, that 

RT, a ab 
=—“+b;. 3V2=-—; V3 =— 

ae Pe Pon De De 
or 

a 8a 

Mee act? Le a ; 
Such relationships enable values of a and b for any gas to be obtained, or, if 

a and b values are known the critical constants can be calculated. 

Critical 
point 

V ——> 

Fic. 13. The full lines represent the curves expected from 
a plot of p against V from van der Waals’ equation. 

15. Corresponding states. If the actual T, p and V values of any gas are expressed 
as fractions of the T,, p, and V, values for the gas, the resulting fractions are known 
as the reduced 7, p and V values respectively, and the symbols 6, x and ¢ are 
used. That is, 

I 
T, De VE 

The use of these terms enables an equation of state to be obtained which con- 
tains no constants which only apply to one particular substance. Such an equa- 
tion can be applied to any gas or liquid. 

The equation is derived by substituting p, V and T in the van der Waals’ 
equation by p,, dV. and 6T,. This gives 

(=v. + iss) (VY. — b) = ROT, 
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and, on substituting the values of V., pe and T, (obtained in section 14), 
‘ 7a a _ 8aR@ 

ie + ai) Glo —}) = S78, 
or 

(na e + (3bé — b) = 86ab 
or 

(+ 5) G6) = 89 
This equation is known as the reduced equation of state. It applies to all gases 

and liquids, and agrees with experimental results with fair accuracy. 
When substances have the same reduced p, V and T values they are said to be 

in corresponding states, and the fact that two substances will have the same 
reduced temperature, if they have the same reduced pressure and volume, is 
sometimes known as the law of eee states. 

16. The specific heat capacity of gases. The specific heat capacity of a sub- 
stance is the number of joules required to raise the temperature of 1 kg of 
the substance through 1 K; the units are, therefore, J kg-! K~-1. Alter- 
natively, the quantity may be expressed per gramme in J g-1 K~! units. 
The_molar heat capacity of a gas is the number of joules required_to_raise. 
the temperature of 1 mol of the gas through 1 K. _ 

For a gas, there is a marked difference between the value of the molar 

heat capacity measured at constant pressure (c,) and that measured at con- 

stant volume (c,). If. measured at constant pressure, the gas is allowed to 
expand whilst being heated; if it did not expand the pressure would not 
remain_constant, But, if measured at constant volume, no expansion is 

allowed and there is an increase in pressure. 

When a gas expands it has to do work against the external pressure, and 

if expansion is allowed, i.e. if the measurement of specific heat capacity is 

at constant pressure, then the heat put into the gas is used, partly, to raise 

the temperature of the gas and, partly, to provide the energy for the external 

work which must be done in expansion. At constant volume, the heat put 

into_the gas all goes_into_raising the temperature_of_the_gas.—EFor. these 

reasons.the_value.of.c,-is.greater_than_that_of-c,.- 

a. The value of c,. The kinetic energy associated with the molecules in 1 mol of 
a gas is approximately equal to 12.5 T joule, where T is the absolute temperature 
(p. 69). A rise in temperature of 1 K would, therefore, cause an increase in 
kinetic energy of 12.5(T + 1) — 12.57, i.e. of 12. 5 joule. 

This assumes that all the heat provided goes into increasing the kinetic energy 
of the molecules, but.thisis.only.true for. monatomic-molecules.and_for-measure- 
ment.at.constantvolume.At.constant pressure, it has already been pointed out 
that some of the heat supplied is used in doing external work. For polyatomic. 
molecules, _some.of_the..heat..may..be_used.in-causing, or_increasing,either_the 
rotational energy or the vibrational energy of the molecule. 

The value of c, for a monatomic gas will, therefore, be 12.5 joule, but for a 
polyatomic gas it will be (12.5 + x) joule. The value of x will vary from gas to gas 
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and will be larger for more complex molecules which have greater opportunities 
for internal rotation and vibration. For most diatomic gases, x is equal to R, 
or approximately 8.3, and for triatomic gases it is equal to 3R/2, or approxi- 
mately 12.5, but there is some doubt about the theoretical establishment of these 
values. 

b. The value of Cp. Cp is greater than c,, the difference being due to the work done 
in expanding. This work done is equal to the pressure multiplied by the increase 
in volume, i.e. 

Work done = Pressure x Increase in. volume 

At a pressure of p, the work done for a change in volume of Vto Vi is p(V, — V). 

But, for 1 mol of gas, pV; = RT; and pV = RT so that the work done is 
equal to(RT, — RT) or R(T; — T). If the rise in temperature is 1 K the work 
done will, therefore, be R, or 8.314 joule. 

For a monatomic gas, ¢p is, therefore, approximately 12.5 + 8.3, i.e. 20.8J. For 
a polyatomic gas it is (20.8 + x), with x approximately equal to 8.3 or 12.5 for 
diatomic and triatomic molecules respectively. 

c. The ratio c,/c, or y. Measurement of the ratio, c,/cy, can be made 
directly without measuring c, and c, individually, and its value gives very 
useful information about the atomicity of a gaseous element. 

To sum up, the normal values, in J K-1 mol-}, are 

&y Cp C,1C, 
Monatomic gas_. é S 3 20.8 12.5 1.67 
Diatomic gas. 5 : : . 29.1 20.8 1.40 
Triatomic gas ‘ ; ; ; 33.3: 25 1,33 

cp/¢c, is most conveniently measured by Kundt’s method, which depends 
on measuring the velocity of sound in a gas, or by Clement and Desormes 
method. A text book of physics must be consulted for details of these 
methods. 

The chemical importance of c,/c, measurements is that they provide a 
method of obtaining the atomicity of a gaseous element. This enables the 
relative atomic mass of the element to be obtained from its relative molecu- 
lar mass for 

Relative molecular mass = Relative atomic mass X Atomicity 
The method is particularly useful for finding the relative atomic masses of 
the noble gases. 

17. Kinetic theory and liquids. Most liquids, like all gases, are miscible, and 
liquids can, too, be compressed, though to a much smaller extent than 
gases and not in a regular way covered by any laws. Solutes, too, will 
diffuse completely throughout a solvent when a solution is made. 

These facts, together with the continuous transition which can take place 
between a gas and a liquid (p. 75) suggest that the molecules in a liquid are 
in a state of random motion, as in a gas, but the motion is very much less 
than it is in a gas and the molecules in a liquid are very much closer to- 
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gether. Liquids, in fact, lie midway between the disorderly, scattered array 
found in a gas and the orderly, compact design found ina crystalline solid, 
(p. 209). On the one hand, the structure_of_a_liquid_-may-be_regarded_as 
being something like that ofa very imperfect.gas;.on_the-other, it-may-be 
viewed_.as_that_of a very disordered crystal. 

The random motion of molecules in a liquid is shown, very directly, in 
the phenomenon of Brownian motion, first observed by a botanist, Robert 
Brown, in 1827. He found that very small pollen grains immersed in water 
underwent a curiously irregular motion which could be observed under a 

microscope. It can be seen very conveniently by viewing a drop of Indian 

ink on a microscope slide. Such motion is due to molecular bombardment 

of the small grains by molecules of the liquid in which the grains are 

suspended, and this simple observation provides one of the most direct 

lines of evidence that the general ideas of the kinetic theory are correct. 

18. Surface tension. Cohesive forces between molecules in a gas have to be 

taken into account in modifying the simple gas laws, but they are not very 

strong forces. Ina liquid, however, the molecules are much closer together 

and_the cohesive forces are much stronger. 
Molecules on the surface of a liquid are subjected to an inward force, 

which accounts for the surface tension of liquids. This causes liquids to 

behave as though their surfaces consisted of an elastic skin, and one sign of 

this is that liquid surfaces usually assume the smallest possible area. This 

means that freely suspended liquids form into spherical drops, for a sphere 

has the minimum surface-to-volume ratio. Further details of surface 
tension are given on p. 490. 

19. Vapour pressure. Although the inward forces on the molecules at the 

surface of a liquid may be quite strong, some molecules with kinetic.energy 

higher than the average will have sufficient energy to escape from the sur- 
_face..Thisis the phenomenon of evaporation. The escaping molecules 

constitute the vapour above the liquid. 

If evaporation takes place into a closed space, the concentration of 

vapour will build up, and the molecules in the vapour will exert a vapour 
pressure. Molecules will escape from the liquid surface to form vapour, but 

some vapour molecules will also be attracted by the liquid and will con- 

dense, i.e. pass back into the liquid. Eventually, as many molecules will be 
leaving the liquid as will be passing back into it, and the rate of evaporation 

will be equal to the rate of condensation; a dynamic.or_kinetic_equilibrium 

-will be set up.At this stage, the vapour reaches its maximum concentration. 

and exerts its maximum pressure..The vapour is said to be saturated, and 

the_pressure it.exerts is known as the saturated vapour pressure. 

20. Vapour pressure and temperature. The saturated vapour pressure 

exerted by the vapour above a liquid is independent of the amount of 
i “a 
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liquid present, so long as there is enough to form a saturated vapour, but it 

increases with temperature. Clearly, ata higher temperature, more mole- 

cules-will have sufficient energy to escape from the liquid surface. When the 

temperature reaches a high enough value and the saturated vapour pressure 

becomes equal to the external pressure, the liquid changes rapidly and 

completely into vapour and is said to boil. 
The boiling point of a liquid is defined as the temperature at which its 

saturated vapour pressure becomes equal to the external pressure on the 

liquid. The boiling point of a liquid depends, then, on the external pressure. 

Water, for instance, boils at 100°C under a pressure of 101.325 kN m~? 

ie. at 100°C the saturated vapour pressure of water is 101.325 kN m~2, 
but, under an external pressure of 1.6 kN m~?, water will boil at 14°C. 
The change of vapour pressure with temperature for a typical liquid is 
shown graphically on p. 272. 

21. Latent heat of evaporation. Escape of molecules of higher than average 
kinetic energy from the surface of a liquid reduces the mean kinetic energy 
of the liquid which, therefore, becomes cooler. Evaporation, in fact, causes 
cooling, and this is the basis of refrigeration. 
If the temperature_of_a liquid is to_be maintained, when it evaporates, 

heat must be supplied, and this is the latent heat of evaporation. This is a 
measure of the energy which has to be supplied to cause molecules to 
escape from a liquid surface, i.e. to evaporate. 

22. Kinetic theory and solids. The molecular motion in a liquid is much less 
than it is in a gas, but there is no really orderly array of molecules in either 
a gas or a liquid. 
When a liquid is cooled, its molecules lose energy and molecular motion 

decreases until a point is reached when the cohesive forces—between 
Molecules draw the molecules together into a solid structure with a 
definite, orderly array. This is the kinetic picture of crystallisation from a 
liquid. , 

In a solid crystal, molecular motion is limited to vibration or oscillation 
.about a fixed position, and the molecules, atoms or ions are close together. 

This close-packing of the particles is shown by the very great difficulties 
encountered in compressing a solid. 

The slight motion in a solid, at ordinary temperatures, is shown by the 
fact that two solids when placed in close contact may diffuse very slightly 
into each other, and also by the fact that solids can exert a vapour pressure. 
The_vapour pressure of a solid, at normal temperatures, is-generally so 
small as to be negligible, but some solids, e.g. iodine and naphthalene, exert 
considerable vapour pressures at temperatures below their melting points. 
On heating, such solids are converted directly into vapours, and, on cooling 
the vapour formed it condenses directly into a solid. Such a change from 
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solid to vapour or from vapour: to Solid, without an intermediate liquid 
stage, is known as sublimation (p. 528). 

The majority of solids melt into a liquid on heating. In the process of 
melting, it is thought that the vibrational energy of a solid increases as it is 
heated and that the particles of the solid vibrate more and more until the 
cohesive forces can no longer hold them together; the particles break loose, 
and the solid melts. 

In non-crystalline, or amorphous, solids, e.g. glass and pitch, there is no 
regular pattern of molecules, and they have no fixed melting point. They 
are, in fact, super-cooled liquids (p. 526). Many so-called amorphous 
solids, e.g. amorphous sulphur and copper(m) oxide, appear to have no 
crystalline structure but are, in fact, made up of random mixtures of micro- 
crystalline aggregates. 

23. Summary of uses of the kinetic theory. Some of the more complicated 
applications of the kinetic theory have not been treated in this chapter, but 
it will be obvious that the kinetic theory can join the atomic, molecular and 
ionic theories as one of the foundation stones of physical chemistry. 

-a. As applied to gases. The kinetic theory provides both a qualitative picture 
of the state of molecular chaos in a gas, and enables some of the matters 

concerned with a study of gases to be treated quantitatively. 

i It provides a fundamental equation for gases, 

pV = 4mnu? 

ii It accounts for the rapid diffusion and ready compressibility of gases. 

iii It accounts for Boyle’s law, Charles’s law, the gas equation, Dalton’s 

law of partial pressure, Graham’s law of diffusion and Avogadro’s 

hypothesis. 

iv It enables molecular velocities to be calculated, and the laws of proba- 

bility, as applied by Maxwell and Boltzmann, show how the molecular 

velocities are distributed throughout a large number of molecules. The 

distribution of kinetic energy follows the same pattern. 

v It provides reasonable suggestions as to why real gases are not perfect. 

vi It suggests why c,/c, values for elementary gases have constant values 

depending on the atomicity of the gas. 

b. As applied to liquids. The kinetic theory as applied to liquids accounts 

for— 

i The diffusion of liquids and solutes. 

ii The small compressibility of liquids as compared with gases. 

tii Brownian motion. 

iv Surface tension and surface energy. 

v Evaporation and vapour pressure. 

vi The effect of temperature on vapour pressure; boiling and the latent 

heat of evaporation. 
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c. As applied to solids. The kinetic theory as applied to solids accounts for— 

i The very, very slow diffusion of solids. 
ii The incompressibility of solids. 

iii The sublimation of solids. 

iv The melting of solids 

QUESTIONS ON CHAPTER 7 

1. What assumptions are made in the kinetic theory of gases? How does the 
theory explain the following facts: (a) that equal volumes of ali gases at the same 
temperature and pressure contain the same number of molecules, (6) that the 
vapour pressure of a liquid depends only on its temperature, (c) that gases diffuse 
at rates inversely proportional to the square roots of their densities. (O. Prelims.) 

2. Derive the fundamental kinetic theory equation by considering a gas in (i) 
a cylinder, (ii) a sphere rather than a gas in a cube. 

3. Both temperature and pressure are manifestations of molecular motion. 
Explain what this means in non-technical language. 

4. Elemental iodine, at room temperature, is a black crystalline solid, con- 
sisting of an array of iodine molecules in a regular pattern. Show by the kinetic 
theory what changes occur when iodine is heated from room temperature to 
about 2000°C, always at atmospheric pressure. You are recommended to refer, 
in your description, to the essential difference between a solid and a liquid, a 
liquid and a gas, and between a perfect and an imperfect gas. Indicate as far as 
you can what forces of cohesion are involved in each change the iodine under- 
goes. (B.) 

5. Calculate the root mean square velocities of (a) chlorine, (6) deuterium and 
(c) methane, at s.t.p. . 

6. Explain what is meant by the gas constant. If the volume of a mole of gas at 
s.t.p. is 22.4 dm°, calculate the gas constant in joule per kelvin. Calculate the 
root mean square velocity of carbon dioxide at 23°C. 

7. The equation pV = RT represents the behaviour of a perfect gas. Give 
some account of the deviations from this equation which are observed experi- 
mentally. How are these deviations accounted for by van der Waals’ equation? 

8. Write short notes on the following terms: (a) root mean square, (6) critical 
temperature, (c) the reduced equation of state, (d) Brownian motion. 

9. If 1 cm? of oxygen at s.t.p. weighs 143 mg, calculate the root mean square 
' velocity of oxygen at s.t.p. 

10. Give an account of the methods which have been used for liquefying gases. 11. The molar volume of hydrogen, at s.t.p., is 22430 cm’, but the comparative figure for ammonia is 22094. Comment. 
12. If the densities of nitrogen in the solid, liquid and gaseous states be taken as 1.03, 0.80 and 0.00125 gcm- respectively, calculate the molar volumes of nitrogen in each state. Comment on your results. 
13. Explain carefully why the specific heat capacity of a gas measured at con- stant pressure is greater than the specific heat capacity measured at constant volume. 
14. Outline the assumptions underlying the kinetic theory of gases and com- ment on their shortcomings. 
A study of the rate of effusion of a gas through a pinhole yielded the result that the root mean square velocity was 2.1 x 103 ms~!. Given that the gas was originally at 27.3°C, what is its probable identity? What would be the effect of adding chlorine to the gas? (R = 8 J mol-! K~*). (C. Schol.) 



Chapter 8 

Outlines of atomic structure 

DALTON pictured an atom as a minute, indivisible particle, and such an 
idea led to many important developments. In more recent years the elucida- , iz 
tion of the more detailed structure of atoms has played a TIO part in 
chemical progress. 

The development of today’s ideas from those of Dalton, 150 years ago, 
is a long story of great scientific achievement; it is, however, a complex 
story. A concise summary of the main features of the modern viewpoint 
will be given first, with a more detailed treatment in the following chapters. 
The chronological table on the back cover may help the reader to keep 
his bearings. 

1. Fundamental particles. Atoms are made up, essentially, of three funda- 
mental particles, which differ in mass and electrical charge as follows: 

Mass Charge 

Electron . é : t 1/1840 unit —1 unit 
Proton p ; ok, clone +1 unit 
Neutron . ; é 5 1 unit Not charged 

The existence of electrons in atoms was first suggested, by J. J. Thomson, 

as a result of experimental work on the conduction_of.electricitythrough 

a_study_of_radioactivity.The term electron had, however, been intro- 

duced earlier by Johnstone Stoney (1881) in a rather different sense;_it_ 

had _resulted from considerations of Earaday’s laws governing the passage 
of.electricity through solutions. Accurate measurement of the charge and 

mass of an electron has been very important. 

An atom is electrically neutral, and if it contains negatively charged 

electrons it must also contain some positively charged particles. Protons 

are positively charged, and the supposition that they existed within atoms 

came about as—a_result_of_Lord_Rutherford’s_experiments_in which he 

bombarded_elements with the_«- and (-rays_given_off_by radioactive ele- 

ments. The neutron _was_discovered_in_1932 by Sir James Chadwick by 
bombarding. beryllium with «-rays.__. 

Other particles such as the positron, mesons and anti-proton must be 

considered in dealing with atomic structures and atomic processes but they 

are, for the most part, of less significance, particularly from a chemical 

point of view. 

2. The nuclear atom. Rutherford’s bombardment experiments indicated 

that an atom consisted of a heavy, positively charged central nucleus with 

electrons distributed around it. The nucleus contains protons and neutrons 
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(except that there are no neutrons in a hydrogen atom), and its positive 

charge is neutralised by the negative charge of the electrons round the 

nucleus so that the atom as a whole is electrically neutral. 

Loss of electrons gives rise to positively charged ions (cations); gain of 

electrons gives negatively charged ions (anions). 

In certain conditions the nucleus of an atom can be split so that one 

element can be transmuted into another, and energy, called atomic energy, 

may be released in the process. 

3. Atomic number and relative atomic mass. The value of the positive charge 

on the nucleus or of the number of electrons in the atom of any element is 

equal to the ordinal number of that element in the periodic table arrange- 

ment. This number is called the atomic number, Z. 
In passing from one atom to the next in the periodic table there is a unit 

increase of positive charge on the nucleus of the atoms concerned and a 
consequent addition of one electron. Such an arrangement was supported 
by the results of Moseley’s investigation of X-ray spectra, 

The approximate relative atomic mass, A,, of an element is obtained by 
adding up the number of protons and neutrons in the atom concerned for, 
by comparison, the mass of the electrons in an atom is very small. 

Typical atomic structures may be represented as follows: 

A, a ‘ A, =4 cos Ae = 7 Hydrogen ey Helium as Lithium Z=3 

i A,=9 = é — Beryllium Sod Carbon ee rs Fr Nitrogen = iy = 

4. Electrons in atoms. The chemical properties..of-an-atom-depend,-very— 
largely, _on_the arrangement of_the electrons around -the_nucleus, for 
chemical combination depends on interaction between the outer electrons 
of the atoms combining together. 

The working out of the detailed arrangements of electrons rested mainly 
on the ideas of the quantum _theory,_first put forward by Planck in 1900, 
and_on_the interpretation of a mass of spectroscopic data originally under- 
taken by Bohr. 

Bohr regarded the electron as a negatively charged particle and was able 
to account for many spectroscopic results by allotting the various electrons 
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in an atom to different orbits arranged around the nucleus. Electrons in 
different orbits had different energies, and transfer of electrons from orbit 
to orbit accounted for the absorption or emission of energy, which could 
be related, in simple cases, to spectroscopic results. * 

Such an orbital distribution_of electrons also.accounted for the chemical 
properties of elements in relation to their position in the periodic table. 

Each element in Group 1 is found, for example, to have one electron in 
the outermost orbit. The electron arrangements in Group 1 are represented 
as: 

Li 2.1 
Na 2.8.1 

K 2.8.8.1 Cu 2.8.18.1 
Rb 2.8.18.8.1 Ag 2.8.18.18.1 
Cs 2.8.18.18.8.1 Au 2.8.18.32.18.1 
Fr 2.8.18.32.18.8.1 

The elements in Group 2 have two electrons in the outermost orbit, 
and so on. 

Further details about the arrangement of electrons are known, and 

provide greater insight into the properties of different elements. 

5. Isotopes. Because the chemical properties depend, in the main, on the 

arrangement of electrons it is possible to have atoms with the same 

chemical properties, i.e. the same arrangements of electrons, but with 

different relative atomic masses, i.e. different nuclear structures. Such 

atoms are known as isotopes, and typical examples of the atomic structures 

of some common isotopes are given below: 

Hydrogen, or Heavy hydrogen, Tritium, 

protium, }H or deuterium, 7H or D 3H or T 

) . . 

Uranium-238, 738U Uranium-235, 733U Uranium-234, *33U 

92p 2 D-~ @- @» 
In the symbols given to each isotope the superscript shows what is known 

as the mass number (A), whilst the subscript gives the atomic number (Z). 

The existence of isotopes was first discovered when the way in which 

naturally occurring radioactive elements disintegrated was worked out 
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(p. 124) by Rutherford, Soddy and Russell, and when positive rays were 
analysed. 

Most naturally occurring elements have been found to consist of iso- 

topes, and Aston’s mass spectrograph has been of particular importance in 

detecting these isotopes. Isotopes which do not occur naturally can be 

made by atomic transmutations, and some of them, especially the radio- 
active ones, are very useful. 

6. The wave nature of the electron. Davisson and Germer observed, in 1927, 

that a stream of moving electrons could be diffracted by crystals acting as 

diffraction gratings. Since it is only possible to account for diffraction 

phenomena in terms of waves, it is necessary to assume that electrons, like 

light, have a dual nature. They may appear to be small, negatively charge 

particles, as envisaged by Thomson, Rutherford and Bohr; but-they_also 

have_a_wave-like nature,similar_to_that_of light or_X-rays. 
The waves associated with moving electrons can be treated mathe- 

matically by a specialised technique known as wave-mechanics and de- 
veloped, mainly, by Schrédinger. The idea of tiny, negatively charged 
particles existing in fixed orbits around the nucleus of an atom is replaced 
by the idea of ‘clouds’ of electrical charge, of varying charge density, 
around the nucleus. Th: i ific, limi iti ya 
more-diffuse-region-of electric charge-referred to.as an atomic orbital. The 
shape.of such.orbitals, and the distribution_of charge within them, is of 
major importance. 

7. The atomic nucleus. When an atom is split, it is the nucleus of the atom 
which splits into two, or more, smaller nuclei. In naturally occurring radio- 
active elements, this nuclear splitting is going on all the time, and cannot be 
stopped. Rays, known as «-, B- and y-rays are given off. 

It is now possible to bring about a great number of nuclear reactions in 
which one nucleus is changed into another, so that the alchemist’s dream of 
converting, say, lead into gold can now be achieved, though not com- 
mercially. This-has-made_possible_the preparation-of many—isotopes not 
occurring - naturally, and radioactive—isotopes. -~of—naturally—occurring 
elements; which are not themselves radioactive; can-bemade. Such isotopes 
are said to be artificially radioactive. It has also been possible to make 
trans-uranium elements with heavier nuclei than that of uranium, which 
has the heaviest nucleus of all naturally occurring elements. 

Moreover, by splitting some big nuclei, particularly those of uranium- 
235 and plutonium into smaller nuclei, atomic energy can be released by 
nuclear fission. Similarly, energy can be obtained from nuclear fusion by 
uniting the nuclei of two light isotopes. In such matters, consideration of 
nuclear structure and nuclear stability plays a big part. 
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8. Historical development. A chronological list of the major discoveries in 

the field of atomic structure is given on the back cover. It will be seen 

that a great many discoveries are involved. Whilst it is not necessarily best 

to treat the matter entirely historically, it may, nevertheless, help the reader 

to refer to this list from time to time. 



Chapter 9 

The electron 

THE term electron was first introduced, by Johnstone Stoney, to describe a 

certain quantity of electricity, following a consideration of the application 

of Faraday’s Laws to the passage of electricity through solutions. 

Further experimental work on the passage of electricity through gases at 
reduced pressures led to the discovery of cathode rays (p. 90) consisting of 
very small, negatively charged particles, and it is these particles which are 
now known as electrons. Similar particles were also found to be emitted, as 
B-rays (p. 98), by radioactive substances, or by heated wires, as in 
thermionic valves, or when light of appropriate wavelengths falls on to 
metals, as in the photoelectric effect. 

The possibility of obtaining electrons from such widely different sources 
led J. J. Thomson to suggest that electrons must be a component part of 
atoms, and the part played by electrons in atomic structure is one of the 
major themes of the following chapters. In developing this theme it will be 
seen that the electron has to be regarded as a minute, negatively charged 
particle, and, also, that the wave nature of the electron has to be taken into 
account (p. 117). 

CONDUCTION OF ELECTRICITY THROUGH 
SOLUTIONS 

1, Faraday’s laws of electrolysis. That amber rubbed with fur, and glass 
rubbed with silk, will attract small pieces of dry paper has been known for 
a very long time, and the word electric, originating from the Greek for 
amber (#Aextpov), was first used by Gilbert in 1600. It was also realised, 
very early, that amber rubbed with fur would attract glass rubbed with silk, 
and two varieties of electricity, known as resinous and vitreous, were 
supposed to exist. Ingenious frictional machines were developed to build 
up high electric charges. 

But electric currents of any magnitude only became obtainable following 
the chance observation by Galvani, in 1791, of the twitching of a partially 
dissected frog’s leg when the nerve and leg were connected through a metal 
dipping into the body fluids. This observation was developed by Volta, in 
1800, into the Voltaic pile, and a new era in science began. 

In 1800, Nicholson and Carlisle decomposed water into hydrogen and 
oxygen by passing an electric current through it, and in the first decade of 
the nineteenth century Davy isolated sodium and potassium, and other 
similar metals, by passing electric currents through their molten hy- 
droxides. Such activities gave a great fillip to electrical experimentation, 
and to the view that chemical combination between atoms was electrical 
in nature. 

The results of much measurement on the decomposition of solutions of 
salts, acids and alkalis by electricity were eventually summarised in 1834, 
by Faraday, who began his scientific work as Davy’s laboratory assistant, 
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in his Laws of Electrolysis. A modernised version of these laws states them 

in two parts. 

electrolysis is proportional to the quantity of electricity passed. 

The quantity of electricity is measured in coulombs, 1 coulomb being the 

quantity passing when 1 ampere flows for 1 second, i.e., 

No. of coulombs = No. of amperes x No. of seconds 

The law may, therefore, be summarised as 

Mass of substance ie Current in _ Time in 
liberated amperes seconds 

or m«clxt 

or m=exIxt 

The value of_e for any element is an important quantity known as the 

electrochemical equivalent. It is the mass of an element liberated by 

1 coulomb. Typical values are 1.044 x 10-* kg C™! for hydrogen, 
111.8 x 10~-® kg C~! for silver and 32.9: x 10-® kg C~?! for copper. 

b. S I Wh ) : Reais 1 +h 

solutions of different electrolytes the masses of the substances liberated at the 
lectrodes are in the ratio of their ivale 

Mass of A deposited _ Equivalent of A 
Mass of B deposited Equivalent of B 

0.001118 g of silver are liberated by 1 coulomb and, as the equivalent 

of silver is 107.880, it follows that 107.880/0.001 118, i.e. 96487 coulomb 

are required to liberate 107.880 g of silver. This is also the quantity of 

electricity required to liberate 1 gramme equivalent of any other element. 

It has been used as a distinct unit known as the Faraday, i.e. 1 Faraday = 

96487 C. Modern usage it to call 96487 C mol~! the Faraday constant. 

The theory eventually put forward to account for Faraday’s laws, and 

other electrical measurements, is now known as the Ionic Theory and is 

explained in Chapter 33. 

2. The electron. One of the most significant conclusions to be drawn from 

Faraday’s laws did not materialise until 1881. 96487 C of electricity is 
required to liberate 1.0080 g of hydrogen or 8 g of oxygen, i.e. $ mol of 

hydrogen or 4+ mol of oxygen. As 1 mol contains 6.02252 x 10% mole- 

cules, and as both hydrogen and oxygen are diatomic, it follows that 96487 

C is required to liberate 6.02252 x 10” atoms of hydrogen or 3.01126 x 

1073 atoms of oxygen. By taking other similar examples it can be seen 

that every atom of a monovalent element requires a definite small quantity 

of electricity to liberate it during electrolysis. A divalent atom requires 
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twice the quantity of electricity; a trivalent atom, three times the quantity; 

and so on. 

Such conclusions, published about 1881 by Helmholtz and Johnstone 

Stoney, strongly suggested that electricity, like matter, was not continuous 

but was made up of definite small units. Johnstone Stoney called the 

quantity of electricity required to liberate one atom of a monovalent 

element an electron. Its value was equal to 96487/6.02252 x 10” C, i.e. 
1.60210 x 10-? C. ‘ 

This was the origin of the word electron, and little did Helmholtz or 

Johnstone Stoney realise what an incredibly large part this remarkably 

small quantity of electricity was destined to play in the development of 
science. 

CONDUCTION OF ELECTRICITY THROUGH GASES 

3. Cathode rays. Gases, at normal pressures, are good insulators, but, if a 
sufficiently high voltage is used, a current can be passed between two 
electrodes separated by a gas under reduced pressure. The observed effect 
depends on the pressure, and a remarkable series of changes takes place as 
the pressure is progressively lowered by pumping more and more gas out 
of the discharge tube. It is interesting to reflect on the part played by the 
development of pumps in scientific progress. 

At a pressure of about 0.25 N m~? the tube is occupied by a dark 
space (known as the Crookes’ dark space after the man who first studied 
the effects), whilst the glass of the tube fluoresces, the colour of the 
fluorescence depending on the nature of the glass. 

The nature of the dark space within the discharge tube was, originally, 
in much doubt, but it is now known to consist of cathode rays (a name first 
used by Goldstein in 1876) made up of a stream of electrons passing from 
the cathode to the anode. Such a conclusion is supported by the following 
experimental evidence: 

a. When a thick metallic shape is placed in the discharge tube between 
the cathode and the anode, a well-defined shadow of the shape is formed 
(Hittorf, 1869). This shows that the cathode rays travel in straight lines, 
b. The cathode rays will penetrate a thin sheet of metal. 
c. A small, light paddle wheel pivoted between the cathode and anode is 
caused to rotate by the cathode rays, and it can be rotated in the opposite 
direction by reversing the current. This shows that the cathode rays can 
cause mechanical movement, and that they move in a direction away from 
the cathode. 

d. Cathode rays cause fluorescence when they impinge on most substances. 
In particular, they cause very clear fluorescence on a screen coated with — 
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zinc sulphide. Such a screen is, therefore, useful in observing cathode rays. 

e. A beam of cathode rays is deflected by an external magnetic field in a 

direction both at right angles to the direction of the beam and the direction 

of the lines of force of the magnetic field (Pliicker, 1858). Application of 

Fleming’s left-hand rule shows that the cathode rays behave like a flow of 

negative charge. 

f. A beam of cathode rays is also deflected by an electrical field, again 

in a direction indicating negative charge. 

g. If the cathode rays are led into a metal cylinder connected to an electro- 

scope or electrometer outside the discharge tube, the cylinder is found 

to become negatively charged (Perrin, 1895). This again shows that the 

cathode rays are negatively charged. 

h. Cathode rays passed through a supersaturated vapour cause the 

formation of a fog or vapour trail in their path by producing nuclei for 

condensation of the vapour. 

It is on such evidence that cathode rays came to be regarded as a stream 

of negatively charged particles now known as electrons. 

4, Measurement of charge, mass and velocity of electrons. J. J. Thomson, 

in 1897, measured the velocity of cathode rays, and the value of the charge/ 

mass ratio for the electrons of which they are composed. He did this by 

Electrodes for 
Beam of electrical field 

Slit electrons 

Cathode 
Perforated anode 

Electromagnet for magnetic field 

Fic. 14. Thomson’s method of measuring e/m and v for electrons. 

subjecting a beam of cathode rays, obtained by passing them through a 

perforated anode and a slit, to the effect of both magnetic and electric 

fields so arranged as to deflect them in opposite directions. The deflection 

caused to the beam of electrons could be observed on a zinc sulphide strip 

at the end of the tube remote from the cathode (Fig. 14). 

Application of the magnetic field caused the beam to move in an arc of 

a circle whilst passing through the field so that the beam was deflected from 

X to Y. If the magnetic field is of strength, H, and the electrons in the 
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beam are carrying a charge, e, and moving with velocity, v, the magnetic 
force exerted on each electron will be Hev. This will be balanced by a 
centrifugal force of mv?/r, where m is the mass of an electron and r the 
radius of the circle in which the electrons move in the magnetic field. 
Thus, 

Magnetic force on electrons = Centrifugal force on electrons 

zy mv 
or Hev = — 

: r 

e v 5 r —=— i 0 make (i) 

The value of r can be obtained from the dimensions of the apparatus 
and the distance XY. 

By applying an electric field of the required strength, at right angles to 
the magnetic field, the deflected beam can be brought back on to its 
original path. When this is done, the magnetic force (Hev) on the electrons 
must be balanced by the electrical force, which is given by Ee, where E is 
the strength of the electrical field. Thus 

Magnetic force = Electrical force 

or Hev = Ee 

or jusee 
Ee 

Knowing the values of E and H, v can be calculated, and substitution 
into equation (i) gives the value of e/m for an electron. 

With different gases, different pressures and different potential differ- 
ences between cathode and anode, v varied, though it was of the order of 
-{oth of the velocity of light, ie. about 3 x 107m s~1. But the value of e/m, 
1.7588 x 10'Ckg~', was constant under all conditions, and this suggested 
that the electron was a quite definite, individual particle which was 
probably a component of all matter. 

This experiment could only give a value for the ratio e/m. If the charge 
on the electron was assumed to be the same as that on a univalent ion 
(p. 90)it followed that the mass of an electron must be approximately —1—th 18+40 of that of a hydrogen atom. No smaller particle has ever had a bigger 
future. 

5. Determination of the charge on an electron. Thomson’s experiment, 
described in the preceding section, gives only a value of the ratio e/m. This 
determination was followed by a direct measurement of e by Townsend, 
and by Thomson himself, and, later (1909), by a more accurate method by 
Millikan, known as the oil-drop method. 

Millikan observed the motion of a charged drop of non-evaporating oil 
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between two circular plates of metal set accurately parallel by glass, in- 

sulating separators. 

Oil drops, from a spray, were allowed to pass through a small hole in the 

upper plate (Fig. 15). The drops became charged, by friction, in the spray- 

ing process, and could be further charged, as required, by passing a beam 

of X-rays (p. 96) between the plates. The drops were illuminated from one 

side and viewed through a microscope at right angles to the direction of 

illumination. Single drops, appearing as a bright spot, could be observed 

in this way. 

With the plates earthed, an oil drop falls under the influence of gravity. 

To 

{pump 

Microscope x 

Parallel metal plates Cet temperature 

Fic. 15. Diagrammatic representation of Millikan’s oil-drop apparatus. 

Measurement of the terminal velocity of the drop, and application of 

Stokes’s Law, enables the mass of the drop to be calculated.* 

The gravitational fall of a charged drop, between the plates, can be 

stopped by applying a potential difference of several thousand volts be- 

* Stokes’s law states that the retarding force, F, on a spherical particle of radius, r, 
falling through a gas of viscosity, 7, with a velocity of v is given by, 

F = 677rv 

If v is the terminal velocity of an oil drop, the corresponding retarding force will be 
equal to the mass of the drop minus the upthrust on it, i.e. 4nr°g(p; — p,) where g 
is the acceleration due to gravity and Pp, and Pp, are the densities of the oil and the gas 
respectively. 

Thus, for terminal velocity, 

6 <7 nrv = $7r°g(p, — Pr) 

If the radius of an oil drop be calculated from experimental measurements, its mass 
can readily be obtained from its volume and its density. For small drops, however, 
such as those used in Millikan’s experiment, a slightly modified form of Stokes’s law 
must be used for real accuracy. 
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tween the plates, the upper plate being made positive. By adjusting the 

potential difference a single drop can be made to move up or down, or be 

held stationary. 

For a stationary drop, the upward force on the drop due to the electrical 

field must be equal to the mass of the drop minus the upthrust on it. The 

upward force on the drop due to the electrical field is equal to the electrical 

field multiplied by the charge on the drop. Thus, for a stationary drop, 

Electrical x Charge on _ Massof _ Upthrust on 
field drop ~ drop drop 

from which the value of the charge on the drop can be obtained. 

Millikan found that the charge on any single drop of oil varied, and that 
it could be changed by treatment with X-rays. Whatever charge a drop 
might have, however, it was always found to be an integral multiple 
of 1.60 x 10-"? C. Change of gas or pressure in the apparatus did not 
affect this basic value, which was taken to be the charge on a single 
electron. 

The presently accepted value for the charge on an electron is (1.60210 + 
0.00007) x 10-* C, which is, of course, equal to the charge on a univalent 
ion (p. 90). In conjunction with the most accurate e/m value, this gives a 
value of (9.1091 + 0.0004) x 10-3! kg for the mass of an electron. 

QUESTIONS ON CHAPTER 9 
(Questions on Faraday’s laws will be found on p. 448.) 

1, Write a short biographical sketch on one of the following: J. J. Thomson, 
Davy, Millikan, Crookes, Helmholtz. 

2. Give an account on either (a) thermionic valves, or (6) the photoelectric 
effect. 

3. Write short notes on the following terms: electron voit, electron spin, elec- 
tron alloy, electron diffraction, electron affinity. 

4. Describe, with diagrams, what is observed when the pressure is slowly re- 
duced inside a discharge tube connected to a source of high potential difference 

5. Use Fleming’s left-hand rule to show the direction of the force acting on an 
electron when it moves at right angles to a magnetic field. Draw a diagram, and 
give an explanation of it. 

6. All electrons have the same charge and the same mass. In what other ways 
might they differ from each other? 

7. Outline some modern developments which would probably not have been 
possible without the discovery of the electron. 

8. If a stream of electrons each of mass m, charge e, and velocity 3 x 10’ ms7! 
is deflected 2 mm in passing for 100 mm through an electrostatic field of 1.8 V mm~ perpendicular to their path, find the value of e/m in coulomb per kilo~ 
gramme. 

9. A charged particle is found to follow a circular track of radius 200 mm when it enters a perpendicular magnetic field of 7.5 x 10-4 Wb m~? ata velocity of 26.4 x 10° ms~!. What is the charge/mass ratio for the particle in C kg-1? 10. An electron passing into an electric field perpendicular to its direction of 
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motion is deflected in a parabolic path, whereas a similar magnetic field deflects 
the electron in a circular path. Does this invalidate the argument on which Thom- 
son’s method for measuring e/m for an electron was based? 

11. Describe, in your own words, Millikan’s method of measuring the charge 
onan electron. 

12. Why is it that Faraday’s laws might be said to have led to the discovery of 
the electron? 



Chapter 10 

Radioactivity and the nuclear atom 

1. X-rays. ROntgen discovered, in 1895, that wrapped photographic plates 
became fogged when left near a discharge tube, and this is now known to 
be due to the emission of a very penetrating radiation, known as X-rays, 
from solids bombarded by cathode rays. 

Besides being very penetrating and affecting photographic plates, X-rays 
travel in straight lines and cause luminescence of, for example, zinc sul- 
phide. The rays can, moreover, ionise a gas when they are passed through 
it, thus causing it to conduct electricity. X-rays are not, however, deflected 
by magnetic or electrical fields. 

The real nature of X-rays was not discovered until 1912. In particular, it 
was not known whether they consisted of a stream of particles, like cathode 
rays, or whether they were wave-like, similar to light. 

If like light, then X-rays ought to be capable of being diffracted if a 
suitable diffraction grating was available, but early attempts to diffract 
X-rays, using ruled gratings, were not successful. In 1912, von Laue 
suggested that the wavelength of X-rays might be too small to give 
diffraction patterns with a ruled grating, but that the regular, close-spaced 
array of planes of atoms within a crystal might serve as a diffraction grating 
for such short wavelengths. Friedrich tested this Suggestion experimentally, 
and found that a copper sulphate crystal would, in fact, diffract X-rays. 
This result established the nature of X-rays as light-like radiation of very 
small wavelength. 

This was the beginning of X-ray crystallography (p. 215), which enables 
crystal structures to be investigated by X-rays, and which, using crystals of 
known structure, also enables the wavelengths of X-rays and other similar 
radiation to be determined. 
When a solid is bombarded by cathode rays to form X-rays, the wave- 

lengths of the X-rays produced vary. Bombardment of every element gives 
a general, or white, X-radiation, but each element also gives X-rays of a 
wavelength characteristic of the particular element. This was discovered by 
Moseley, in 1913, when he investigated the spectra of X-rays emitted by 
different elements (p. 114), thereby elucidating the meaning of atomic 
numbers. 

RADIOACTIVITY 

2. Radioactive elements. In the year following the discovery of X-rays, 
Becquerel (1896) found, whilst investigating various fluorescent sub- 
stances, that uranium and uranium compounds would also emit a pene- 
trating radiation capable of affecting wrapped photographic plates, and he 
called this phenomenon radioactivity. 

The discovery was followed, in 1898, by the isolation of two more 
strongly radioactive elements, polonium and radium, by M. and Mme 
Curie. The Curies examined the radioactivity of a uranium mineral called 
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pitchblende and found that it was much more radioactive than would be 

expected from its uranium content. A prolonged and tedious extraction 

process led to the isolation of polonium and radium from pitchblende. 

1000 kg of the mineral gave only about 0.2 g of radium, but this element 

was about 2 million times more radioactive than uranium. Mme Curie also 

found, in 1898, that thorium was radioactive, and, in 1900, actinium was 

found to be radioactive. 

The naturally occurring elements now known to be radioactive are 

polonium, radon, radium, actinium, thorium, protoactinium and uranium. 

All the trans-uranium elements (p. 140) are also radioactive, and artificial 

radioactivity can be induced into elements not naturally radioactive 

(p. 135). 

3. a-, B- and y-rays. Radioactive substances emit three different types of 

ray, which can be separated and investigated because they are affected 

differently by magnetic and electric fields. 

If the radiation from a radio-active substance 

is passed through a magnetic field it is split 

rey up into what are now known as «-, B- and 
y-rays. 

The «-rays are deflected in a direction in- 

B-rays dicating that they are positively charged; the 

G-rays are deflected in the opposite direction, 

and must be negatively charged; the y-rays 

are not deflected at all (Fig. 16). =~ 
seen beadysiits Furthermore, the 6-rays are deflected to a 

much greater extent than the «-rays, which 

Radioactive indicates that the ®-rays are much lighter 

Ages than the «-rays, and the ®-ray beam is dis- 

Fic. 16. Effect of a magnetic persed more than the a-ray beam, which 

oe ae ies aes indicates that the B-rays consist of particles 

and y-rays. of more widely varying velocity than the a- 

rays. 

The y-rays are the most penetrating, and the «-rays the least. 

a. a-rays. Rutherford measured the charge/mass ratio for «-rays by the 

method of applying magnetic and electric fields similar to that used by 

Thomson in measuring e/m for cathode rays (p. 91). The result agreed 

with the supposition that «-rays were made up of helium atoms bearing 

two positive charges, i.e. of helium nuclei, and this was proved in two 

ways. 

First, some radon was sealed in a glass tube thin enough to allow the 

a-rays emitted to escape through the glass walls into a surrounding, 

evacuated tube. After some time, an electric discharge was passed through 
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the outer tube and analysis of the resulting spectrum (p. 103) showed that 
helium was present. 

Secondly, Rutherford made a direct measurement of the charge on an 
alpha particle. «-rays cause a glow when they fall on a zinc sulphide screen, 
and, if the intensity of radiation is not too great, each «-particle causes 
a definite flash which can be seen through an eye-piece. In this way, 
in what is known as a spinthariscope, «-particles can be counted by 
counting the number of flashes. 

Rutherford measured the number of «-particles falling on a given area in 
a given time, and then measured the charge imparted to a metal screen of 
the same area in the same time by the same radioactive source. He was, in 
this way, able to calculate the charge carried by each «-particle and this 
came out to be twice the charge on a hydrogen ion. In conjunction with the 
measured charge/mass ratio for an «-particle this showed that the mass of 
an «-particle was four times that of a hydrogen atom. The «-particle is, 
therefore, a helium atom bearing two positive charges, i.e. a helium nucleus 
(p. 84). 

The velocity of «-particles emitted by radioactive substances varies, but 
it is about 35th of the velocity of light. «-rays Can penetrate about 70 mm of 
air at atmospheric pressure, or a thin sheet of aluminium a small fraction 
of a millimetre thick. 

b. B-rays. B-rays are found to be very similar to cathode rays in their 
general properties and this, coupled with measurement of their charge/mass 
ratio, shows that they consist of a stream of electrons. 

The velocity of 8-particles from radioactive sources varies from 3 per 
cent to 99 per cent the velocity of light, and 8-rays will penetrate several 
millimetres of aluminium or about 3 mm of lead. 

Cc. Y-rays. y-rays are not affected by electric or magnetic fields and they 
are extremely penetrating electro-magnetic radiation similar to X-rays but 
of much shorter wavelength. They will penetrate about 150 mm of lead, 
and travel with the speed of light. 

The’nature of «-, 8- and y-Trays is summarised on p. 99, 

THE NUCLEAR ATOM 

4. Bombardment of matter by a- and B-rays. The existence of cathode rays and B-rays, obtained from such different sources, and yet both consisting of electrons, provides evidence that electrons are a component part of atoms. This suggestion is also supported by the fact that electrons are given off from a hot metallic wire, as in a thermionic valve, and when light of appropriate wavelength falls on to metals, as in the photoelectric effect, first observed by Hertz in 1887, 
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Electrical | Mass of 
charge particle 

Relative 
Nature : 

penetration 
Velocity 

Helium +2 units | 4 units c. 1/20th velocity 1 
nuclei of light 

Electrons —1 unit 1/1840th | 3-99% velocity 100 
unit of light 

Electro- No charge Velocity of light 
magnetic 
radiation 

But, if an atorn contains electrons (negatively charged) it must also con- 

tain an equal number of some positively charged particles to give .it 

electrical neutrality. The first atomic model, suggested by Thomson, 

envisaged an arrangement of electrons within a sphere of positive elec- 

tricity. 
Such an idea was replaced, however, in 1911, by a nuclear atom, a 

suggestion made by Rutherford as a result of experiments he directed on 

the scattering of «- and @-rays by metallic foil. 

a. Bombardment by 6-rays. When a parallel beam of 8-rays is directed 

towards a thin sheet of metal, the 6-rays pass through, but the beam is 

diverged. This observation is explained as being due to the repulsion of the 

electrons in the @-rays by the electrons in the atoms of the foil (Fig. 17). 

Thin 
metal 
foil 

Divergent 
B-rays beam of B-rays 

Fic. 17. The divergence of a beam of ®-rays on passing through thin metal foil. 

The measured divergence shows, moreover, that the number of electrons 

in an atom necessary to cause this divergence must be about half the rela- 

tive atomic mass of the atom concerned. Magnesium, with relative atomic 

mass of 24, is shown, for example, to have about 12 electrons in its atom. 

As the mass of the electron is very small, the electrons in an atom cannot 

contribute very much to the total mass of the atom, and the main mass of 

an atom must be situated in the positively charged part of the atom. This 

viewpoint was firmly supported by the results of experiments in which 

u-rays were used as bombarding particles instead of f-rays. 
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b. Bombardment by «-rays. In these experiments, carried out by Geiger 
and Marsden, a parallel beam of «-particles, from a radioactive source, 
was directed towards a platinum or gold foil. The effect was observed by 
picking up the «-particles on a zinc sulphide screen, and it was found 
that the «-particles passed right through the metallic foil but that they were 
deflected from their course in many directions. The average deflection was 
less than one degree, but some «-particles were deflected through a much 
greater angle, and much to everyone’s surprise at that time, a very few 
(about 1 in 20000) were deflected right back through angles greater than 
90° (Fig. 18). This back-deflection was not simply a reflection from the 

front surface of the foil, for the number 
Thin of back-deflections increased as thicker 
ae pieces of foil were used. 

As the «-particle is heavy, it could only 
be deflected through large angles by a near 
collision with something of its own mass 
and charge. Thomson’s sphere of positive 
electricity would be far too diffuse to cause 
the observed result. 

Fic, 18; The scattering of e- Rutherford was able to show that the 
particles by a sheet of thin metal, Observations of the deflections of «- 

particles could be accounted for if it was 
assumed that an atom had a positively charged nucleus, of diameter about 
10-” mm, carrying a positive charge equal in number to about half the 
relative atomic mass of the atom concerned. Thus it was shown that the 
charge necessary on the positive portion of the atom was equal in magni- 
tude to the total negative charge carried by the electrons. 

5. The nucleus. The idea of a nuclear atom was widely accepted by 1914. 
A positively charged nucleus, contributing almost all the mass of the 
atom, was surrounded by electrons. The nucleus, it was then thought, 
contained electrons together with some positively charged particles which 
became known as protons, the net positive charge carried by the nucleus 
being equal to the total negative charge of the extra-nuclear electrons. 

The following typical atomic structures illustrate the stage of develop- 
ment reached about 1914, 

Hydrogen (4, = 1) Helium (4, = 4) 

Lithium (A, = 7) Uranium (A, = 238) 

| 238p 
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It will be seen that the proton, represented as p, is the nucleus of a hydrogen 

atom. 

Such structures provided two immediate problems. First, the packing 

together of positively charged protons and negatively charged electrons in 

unequal numbers in the nucleus of an atom was not satisfactory arrange- 

ment so far as electrical forces and energy considerations were concerned 

(p. 144). Secondly, little was known about the arrangement of the extra- 

nuclear electrons. 

The arrangement of these electrons is of major importance from the 

point of view of chemical combination between atoms (p. 158), and the 

structure of the nucleus is important in considerations of atom splitting. 

For when an atom splits, either naturally in radioactive elements, or 

artificially, it is the nucleus of the atom which splits. Consideration of 

nuclear stability is, therefore, of great importance. 

The immediate difficulty of having protons and electrons together in a 

nucleus was resolved after the discovery by Chadwick, in 1932, of a neutral 

particle known as the neutron. Chadwick bombarded the element, 

beryllium, with «-rays from a radioactive substance and found that 

particles were emitted which were not affected by magnetic or electric fields. 

These particles are neutrons, with zero charge and unit mass. 

With the discovery of the neutron it was no longer necessary to postulate 

the existence of protons and electrons together in an atomic nucleus. 

Instead, the nucleus was thought to consist of protons and neutrons, the 

atomic structures given above being replaced by 

Hydrogen (A, = 1) Helium (A, = 4) 

Lithium (4, = 7) Uranium (4, = 238) 

92p 
3e 92e 

Further details of nuclear stability are given on pages 141-5, and the 

problems associated with the arrangement of electrons around the nucleus 

are discussed in Chapter 11. 

QUESTIONS ON CHAPTER 10 

1. Write an account on the production and uses of X-rays. 

2. How was it shown that (a) 8-rays consisted of electrons, and (6) «-rays con- 

sisted of helium nuclei? 
3. Draw a diagram showing how Fleming’s left-hand rule can be used to 

predict the effect of a magnetic field on (i) an electron, (ii) an a-particle, (iii) a 

proton. 
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4. Explain the difference between (a) a @-particle and an «-particle, (b) y-rays 
and X-rays, (c) a proton and a deuteron. 

5. What were the major contributions to the elucidation of atomic structure 
of (i) Rutherford, (ii) Thomson, (iii) Moseley, (iv) Réntgen? 

6. Explain how it is possible to get an approximate value for the Avogadro 
constant by measuring the rate of «-particle emission from a known mass of 
radium using a spinthariscope and, also, the rate of helium formation from a 
known mass of radium. 

7. By placing a minute, but known, mass of radium close to a zinc sulphide 
screen and counting the flashes on the screen it was estimated that 1 g of radium 
emitted 34000 million alpha particles per second. The volume of helium ob- 
tained from decaying radium was found to be 0.156 cm? at s.t.p. per gramme of 
radium per year. What value do these figures give for the Avogadro constant? 

8. How many protons and how many neutrons are there in the nuclei of the 
following isotopes: °F, “As, Ge, 1°O, +H, 7H, 7°5U, 738U and “°Np? 

9. Write down the nuclear structures of the isotopes formed when (a) 7332U 
loses first one and then a second -particle, and (b) 232U loses first one and then a 
second «-particle. 

10. Give the numbers of protons, neutrons and electrons which will be found 
in the following atoms: 73Al, 733U, 783Bi, $He, 3He, }H, 7H, 3H, “0, 440, 380, 
#Cl, 23Cl. 

11. Write down the nuclear structures of all the naturally radioactive elements. 
12. Why was the supposition that an atomic nucleus contained protons and 

electrons unsatisfactory, and how was this difficulty overcome? 



| 
Chapter 11 

The arrangement of electrons in atoms 
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THE chemical properties of an atom are largely controlled by its electrons, 

for it is interaction between the electrons of two or more atoms that leads 

to chemical combination between the atoms (p. 158). The detailed arrange- 

ment of electrons within an atom is, therefore, of fundamental importance. 

The working out of these arrangements is an amazing feat similar to the 

fitting together of a most complicated jig-saw puzzle or the solution of an 

elaborate cipher. 
The solution of the problems involved comes from interpretation_of 

spectroscopic data and the application of the ideas_of the quantum theory. 

It also involves the relative position of the various elements in the periodic 

table, and a consideration of the wave-like nature of electrons. 

SPECTRA 

1. Types of spectra. As opposed to particle-like rays, wave-like radiation 

can cause interference patterns, can be diffracted, if a suitable diffraction 

grating can be found (p. 215), and can be ‘sorted out’ into its component 

wavelengths by using a spectrometer. 

In this way, visible light is readily shown to be made up of different 

<— Frequency /Hz ~<———— 

102! 102° 19!7 10'8 10'7 10!* 10!5 10!* 10'? 10'2 10!! 10!° 10? 10° 107 
en ee ee ee ee ee ea ol ica Cee neal ds A) 

ae Infra- _, 
<—xX-rays —> 

VISIBLE LIGHT ae <—Ultra-violet —» =«————_ Radio waves 

1 

(0-4 10-2 102 107" 1 +10’ to? 10° 10* 10° 10° Jo” 10° 10? 10!° 10! 

———>  Wavelength/nm ———> 

Fic. 19. The electro-magnetic spectrum. The boundaries between one type of 

radiation and another are not very sharply defined. 

coloured lights, each colour corresponding to a group of waves of different 

wavelengths and frequencies. Blue light, at one end of the visible spectrum, 

has a shorter wavelength (0.45 um or 450 nm or 4500 A) than red light, at 

the other end (0.75 um or 750 nm or 7500 A).* Frequencies are expressed 

in vibrations per second, s~*, or hertz (Hz). 

Visible light represents only a small part of all radiation, and a more 

complete representation of the possible types of radiation is given in Fig. 19. 

Characteristic spectra can be obtained from substances by causing them 

to emit radiation. This can be done in a variety of ways, e.g. by heating a 

* Wavelengths in, or near to, the visible region are conveniently expressed in 

micrometres (um) or nanometres (nm); 1 nm is 10-9 m, and 1 um is 10~° m. The older 

unit used for this purpose was the Angstrom, 1 A being equal to 10~*° m. 
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substance or by subjecting it to electrical stimulation or excitation by using 
an electric arc, spark or discharge; and a variety of so-called emission 
spectra can be obtained. 

If the light from an electric filament lamp is examined by a spectroscope 

Spectrum, The light from a mercury vapour lamp, however, is made up of 
a limited number of “wavelengths and its spectrum, known as a line 
spectrum, consists of a series of sharply defined lines each corresponding to 
a definite wavelength. 

These are particular examples of the general fact that incandescent solids 
produce continuous spectra, whilst the excited vapour of an element gives 
rise to a line spectrum. These line spectra are characteristic of atoms. Band 
Spectra, consisting of bands of overlapping lines of varying intensity, are 
characteristic of molecules. 

Absorption spectra are formed when light of particular wavelengths is 
absorbed by passage through a substance. Black lines are found in the 
spectrum corresponding to the wavelengths absorbed. 

2. Spectral series. So far as the historical development of atomic structure 
is concerned a study of the line spectrum of hydrogen is of great im- 
portance. This spectrum consists of lines corresponding to widely different 
frequencies, but, over a period of time, starting in 1885, it was found that 
many of the numerous lines could be fitted into series and hence were 
related to each other in some way. 

These series, known after their discoverers as the Balmer (1885), Paschen 
(1896), Lyman (1915), Brackett (1922) and Pfund (1925) series, can be 
expressed in one overall formula: 

: mu Raltjedasifnd 

where 4 is the wavelength, Ry a constant, known as the Rydberg constant, 
and x and m have integral values as follows: 

Series Main spectral region 

Lyman : Ultra-violet 
Balmer 4 Visible 
Paschen if Infra-red 
Brackett 3 Infra-red 
Pfund : Infra-red 

It is a remarkable experimental fact that so many apparently, at first 
sight, unrelated lines in a spectrum can be expressed by a simple formula. 
Line spectra of the alkali metals are also made up of similar series of lines 
known as the sharp, principal, diffuse and fundamental series. The lines in 
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these series can be related in a single formula as for the hydrogen spectrum. 
Suggestions, by Bohr, as to how these series of lines originated from 

energy changes within the atom led to the elucidation of the arrangement 

of electrons in atoms (p. 112). 

QUANTUM THEORY 

3. Outline of theory. Progress in working out the arrangement of extra- 

nuclear electrons in an atom came, first, when Bohr, in 1914, applied the 

ideas of the quantum theory, first put forward by Planck in 1900,.to the 

interpretation of spectroscopic data. 

The essential idea of the quantum theory is that the energy of a body can _ 

only change by some definite whole-number multiple of a unit of energy 
known as the quantum. This means that the energy of a body can increase 

or decrease by 1, 2, 3, 4... quanta, but never by 14, 23, 107.3, etc., 

quanta. It is rather like the fact that our currency can only change by 1, 2, 

3,4... nhalfpennies, but not by 14, 23, 107.3 halfpennies. 

Unlike the halfpenny, however, the value of the quantum is not fixed, 

but is related to the frequency of radiation which, by its emission or absorp- 

tion, causes the change in energy. This relationship is expressed as 
Mw ye AG er { 

“4 IE ) = h x Vv 

(Value of a (Planck constant (frequency of 

quantum in joules) = 6.6256 x 10-* Js) radiation/s~* or Hz) 

or, in terms of the wavelength (A) of the radiation and the velocity of light 

(c), as F 
Cc 

3 Pars 
so that it is a simple matter to calculate the value of the quantum corre- 

sponding to any known frequency. 

This idea was originally developed by Planck in considering a vibrating 

body changing in energy by emitting or absorbing radiation of a frequency 

equal to the frequency of the vibrating body, but Einstein showed that the 

idea held more generally and that if the energy of a body changed from a 

value E, to a value E, by emission or absorption of radiation of frequency 

vy, then 
c 

E, — E, = nhv = eo 
{ 
| rerrlund thy Wihurihy aoupbbuds hwy Y 

where n is an integers It was this generalised statement of the quantum 

theory that was used by Bohr in his interpretation of spectra. 

4, Bohr’s interpretation of spectral series. Rutherford assumed that the 

electrons circulated round the nucleus of an atom in orbits, rather as 

planets circulate round the sun, and atoms were pictured as minute solar 
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systems. The electrical forces of attraction between the negatively charged 
electrons and the positively charged nucleus were just counterbalanced by 

centrifugal forces. _ 
Bohr pointed out, however, that charged particles could not circulate in 

an orbit without having an acceleration towards the ceritre of the orbit, 
and, according to the accepted electro-dynamic theory of the time, an 
electric charge must radiate energy when it is accelerated. 

Brackett 

Fic. 20. Illustration of the energy changes which an electron can undergo in moving from one energy level to another in an atom. The diagram is not to scale, for the radii of the various stationary states shown are, in fact, proportional to the squares of the principal quantum numbers allotted to them. 

If Rutherford’s idea is correct, then an atom would radiate energy con- 
tinuously; in doing so it would undergo spontaneous destruction. More- 
over, the continuous emission of radiation would not account for the 
formation of line spectra. 

To deal with these difficulties, Bohr put forward suggestions which, in 
effect, deny the truth of older electrodynamic theories as applied to the 
motion of electrons. These are: 

a. that the electrons in an atom could only rotate in certain selected orbits 
and that they did not, in these orbits, radiate energy. Such orbits were 
called stationary states, and 

b. that-each stationary state corresponds to a certain energy level, i.e. that an electron in a certain stationary state had a c rtain energy, and that 
emission of radiant energy was caused by the movement of an electron 
from one stationary state to another of lower energy. Conversely, ab- ; Y> aD- 
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sorption of energy took place by an electron moving into a stationary state 

of higher energy. 

Bohr now applied the ideas of the generalised quantum theory (p. 105) 

to the change in energy when an electron moves from one stationary state 

to another. Thus, if the energy of one stationary state is given as F,, and 

= 
So 
a 
! 
° 
x< 

a: 
~ 

“ 

Paschen 
Series 

lonisation energy 
Series 

Series 

Fic. 21. Some of the energy levels in the hydrogen atom. 

that of the next stationary state with lower energy as E,, an electron 

passing from the first to the second would cause an energy change of 

E, — E;, and an emission of radiation of frequency, v, where 

E, — E,= hv 

Similarly, absorption of radiation of this frequency would cause an 

electron to pass from energy level E, to the higher energy level Fi. 

On this view the series observed in the line spectrum of hydrogen are 

explained by the various limited energy changes which an electron can 

undergo in moving between the various stationary states. The general idea 

is made clear by a study of Figs 20 and 21 which show the various energy 

changes leading to the various lines in the spectrum. 
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The atom is in its normal or ground state when the electron is in the 
stationary state of least energy; when in any other state the atom is said to 
_be excited. On excitation the electron moves into stationary states of higher 
energy content, and it is the return of the electron to stationary states of 
ower energy which results in the emission of radiant energy and the forma- 
tion of spectral lines. It is like lifting a ball up and letting it fall again, both 
the lifting and falling being done in definite stages. 

For hydrogen, and hydrogen-like, spectra the Bohr theory is able to 
account for the observed spectral series in detail and with accuracy. Values 
for the radii and the energy levels of the various stationary states can be 
calculated, and these fit in well with the spectroscopic results. 

5. Quantum numbers. The extension of Bohr’s ideas came about as a result 
of a more detailed investigation of spectra. In particular, to account for the 
greater number of lines observed, it was found necessary to increase the 
number of possible orbits in which an electron could exist within an atom. 
In other words, it was necessary to allow more energy changes within an 
atom to explain the formation of all the observed spectral lines. 

The term quantum number is used to label the various energy levels or 
orbits. The number allotted to Bohr’s original stationary states, visualised - 
as circular orbits, is called the principal quantum number. The first orbit, 
nearest the nucleus, has a principal quantum number of 1 |; the second has a 
Principal quantum number of 2, and so on, Alternatively, letters are used 
_to_ characterise the orbits, the first_being referred to as the K orbit, the 
second as the L, the third as the M, and so on. The choice of letters 
originates from Moseley’s work on X-ray spectra (p. 114). 
A more detailed study of spectra showed, however, that for each princi- 

pal quantum number there were several associated orbits, so that the 
-Principal quantum number now Tepresents a group or shell of ' orbits. 

a. Principal quantum number. This represents a group or shell of orbits, 
_but the total number of electrons that can occupy any shell, i.e. that can have the same principal quantum number, is limited and is given by 2n? 
where n is the principal quantum number concerned. Thus 

Shell 
Principal quantum number (nm). 
Maximum number of electrons. 

b. Subsidiary quantum number. This represents the various subsidiary 
orbits within a shell; they may be visualised as elliptical orbits. Thus in any 
one shell there are various subsidiary orbits denoted as the 1,2, 3,4... or thes, p,d,f.,, orbits. The number of orbits in any one shell is, however, 
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limited, and in dealing with the structures of atoms in their normal states, 

it is only necessary to consider the orbits listed at the bottom of page 111. 

The 1s orbit may be referred to as the K.1 orbit, but the former is the com- 

monest usage. 

c. Spin quantum number. The Pauli or Exclusion principle states that_all 

the electrons in any atom must be distinguishable, or that no two electrons 

in a single atom can have all their quantum numbers alike. _ 
To agree with the principle it is assumed that electrons spin_on their 

axes; this assumption also accounts for the splitting of spectral lines 

observed with a spectroscope of good resolving power. Because of electron 

spin, a spin quantum number is allotted to an electron to characterise it. 
The shell of principal quantum number 1 can hold two electrons. As 

these cannot be exactly alike, because of the Pauli principle, it is assumed 

that they have different spins. In general, if two electrons occupy the same 

orbit they must have different spins, and, as electrons in the same orbit can 

only differ by having different spins, it follows that no orbit can contain 

more than two electrons. 

d. Magnetic quantum number. For electrons in orbits of principal quantum 

number greater than 1, a further complication arises. 

’ The shell with principal quantum number of 2 can 
contain a maximum of eight electrons. Of these, 

two, with opposed spins, will be in the 2s level. The 

Ry remaining six will be in the 2p level, but for all six 

790i. De Orble to be different it is necessary to subdivide the 2p 
level still further, into three, so that each of the 

three subdivisions may contain two electrons. These 

three 2p orbits may. be envisaged as in different 

planes and can be denoted as 2p,, 2p, and 2p, orbits 

(Fig. 22). 

This subdivision of p orbits into three, anda 

similar subdivision of d orbits into five-and_of f 

Fic. 22. Illustration Orbits into seven, necessitates a fourth quantum 

obgntbe | aieconal number known as the magnetic.quantum number. 
arrangement of p 
orbits. 

orbits_is the _same_unless the-atom_is_placed in.a_strong-magnetic—field. 

When_this happens the three_p-orbitstake-up-different- positions- with—- 

respect to the lines of force of the field and attain slightly_different-energy 

levels. This accounts for the splitting of spectral lines when the source of 

emission is placed in a magnetic field (the Zeeman effect) or in an electric 

field (the Stark effect). 

O,, 

<% 
soe 

» 

Dy Orbit \3] 

e. Summary. To sum up, four quantum numbers are required to charac- 
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terise completely any particular electron in a particular orbit. In a simple 
way this corresponds to a normal post office address. To characterise a 
particular Mr. X it is necessary to allot a particular address to him, e.g. 
Mr. X, 114, High Street, Eton, Bucks. The county corresponds to the 
principal quantum number, the town to the subsidiary quantum number, 
the street to the spin quantum number, and the street number to the mag- 
netic quantum number. 

The idea of quantum numbers has been presented from a Pictorial point of 
view. What quantum numbers are allowed arises from the solution of the Schr6- 
dinger equation (p. 118) and those quantum numbers which are allowed can be 
summarised as follows: 

i m = principal quantum number. The allowed values are M2, 6) 4308. 
ii / = subsidiary quantum number. The allowed values of / depend on the 

value of x. When n is 1, / is 0, i.e. there are only s electrons in the shell with 
principal quantum number 1. 
When 2 is 2, / can be 0 or 1, i.e. the shell with principal quantum number of 

2 contains both s and p electrons. 
When 7 is 3, Jcan be 0, 1 or 2, i.e. s, p and delectrons. When nis 4, Imay be 

0, 1, 2 or 3, ie. s, p, dand f electrons. 
It will be seen that J = 0 for an s electron, 1 for a p electron, 2 for a d 

electron and 3 for an f electron. 
iii m = magnetic quantum number. For an s electron with / = 0, mis 0. Fora 

Pp electron, with / = 1, m can be —1, 0 or +1. Fora d electron with / = 2, 
mcan be —2, —1, 0, +1 and +2, and so on. In general, can have (2/ + 1) 
different values. 

iv s = spin quantum number. The allowed values are +4 and —4, 

The maximum number of electrons with the same principal quantum number 
can be summarised as follows, bearing in mind the fact that no two electrons in 
the same atom can have the same values for the four quantum numbers. 

0 +2 

—|+/-|4+]-|+ 

6. The arrangement of electrons in orbits. The arrangement of electrons in 

ee 

2 8 18 

an atom in its normal state is that which makes its.energy a minimum, i.e. 
_it is the most stable arrangement, within the limitations already mentioned. 

The energy levels of the various orbits can be obtained from spectro- 
scopic data, and the detailed atrangements of electrons can be built 
up from a knowledge of these energy levels, from the position of the 
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atom concerned in the periodic table, and from the allowable quantum 

numbers. 

The relative energy levels of orbits in an atom, as obtained from spectro- 

scopic measurements, are shown in Fig. 23. The precise positioning of one 
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Fic. 23. Showing the approximate comparative stabilities of the various 

orbits in an atom. 

orbit to another depends on the atomic number of the element concerned. 

The order given is that for elements of low atomic number, and it changes 

to some extent with elements of higher atomic number. This is because of 

the changing nuclear attraction for the electrons as the positive charge on 

the nucleus changes. 

In Fig. 23 each circle represents an orbit which can be occupied either by 

a single electron or by two electrons with different spins. The circles en- 

closed within a rectangle represent orbits of equal energy. In passing along 

the periodic table the electrons occupy the orbits in energy order, as shown 

by the arrows in Fig. 23. 

The order is conveniently remembered as follows: 

8 
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3d 4d 5d 6d /, / / 4 
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The one electron in a hydrogen atom will occupy the most stable orbit, 

i.e. the 1s orbit, and the second electron in the helium atom will occupy the 

same orbit but will have a different spin. The 1s orbit is now full; a third 

electron will occupy the next most stable orbit, i.e. the 2s orbit, and so on. 

The best ‘seats’ are occupied first. 

On this basis, but not differentiating between the three p, five d or seven 

J levels (p. 109), the arrangement of electrons in the atoms of the elements 

in their normal states is shown in the table below. 

THE ARRANGEMENT OF ELECTRONS IN THE ATOMS 

2s 2p|3s 3p 3d|4s 4p 4d 4f|5s Sp Sd 5Sf|\6s 6p 6d] 7s a a 
|—_—$3_$ |_| —§—\ ume 

1H 1 
2 He 2 

1s Full 

3 Li 2 1 
4 Be | 2] 2 2s Full 5B 2 2 1 | 6C Z Z 2 
TN 2 az 3 
8 O 2 2 4 
9F Zz 2 5 

10 Ne | 2] 21 6 2p Full ee 

11 Na 2 8 1 
12 Mg} 2 8 2 3s Full 
13 Al 2 8 a 1 
14 Si 2 8 2 2 
15. 2 2 8 2 3 
168 4 8 2 4 
17 Cl o4 8 Z 3 
18 A 2 8 2 6 3p Full wy 

e&(i] ¢( 2 | |: ‘a 2 4s F 
O~ps2teSe 2 8 8 Te? he aee2e. ieee 8 8 a 
92] 23 Vv 2 8 8 SUS 
= 3| 24 Cr 2 8 8 = 
e&] 25 Mn] 2 8 8 Sf 2 
es 26 Fe 2 8 8 6] 2 
& 27 Co 2 8 8 Tt? 

2S UNI ee 8 8 8} 2 
a a 4 8 8 10] 1 

n 8 8 105), 2 3d Full 
e_~ 

31 Ga 2 8 18 2 
32 Ge 2 8 18 2 
33 As 2 8 18 2 
34 Se 2 8 18 2 
35 Br 2 8 18 2 
36 Kr 2 8 18 2 4p Full 

er | Sha oie T 18 8 ie 
“| 39 Y 2 8 18 8 1 2 i a 40 Zr 2 8 18 8 2 2 
92] 41 Nb | 2 8 18 8 4 1 
o §| 42 Mo] 2 8 18 8 2 1 
€8] 43 Tc 2 8 18 8 6 1 
a2 44 Ru 2 8 18 8 7 1 
eB 45 Rh 2 8 18 8 8 1 
—_| 46 Pd 2 8 18 8 10 

47 Ag 2 8 18 8 10 1 
48 Cd 2 8 18 8 10 1 4d Full 

49 In 2 8 18 18 ml 
50 Sn 2 8 18 18 22 
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These electronic arrangements are commonly written in the form 1s?, 

2s?, 2p°, 357, 3p°, which is the argon arrangement. 

A more detailed arrangement of electrons can be predicted by applica- 

tion of the rule of maximum multiplicity. This empirical rule, suggested by 

Hund and sometimes known as the Hund rule, states that the distribution 

of electrons in a free atom between the three p, five d and seven f orbits is 
such that as many orbits as possible are occupied by a single electron before 

’ any pairing of electrons with opposed spins takes place. Thus if three 

THE ELEMENTS IN THEIR NORMAL STATES 

ls | 2s 2p} 3s 3p 3d| 4s 4p 4d 4f |5s Sp Sd 5f|6s 6p 6d| 7s 

51 Sb | 2 8 18 18 2|3 
52'Te. |i 2 8 18 18 2-14 
53 I 2 8 18 18 Dales 
54 Xe | 2 8 18 18 2/16 5p Full 

ee’ 

BSCS |e2 8 18 18 8 1 
56 Ba | 2 8 18 18 8 2 6s Full 

| 57 Lae |) 2 8 18 18 8 1 2 
EB -|'58 Ce | 2 8 18 18 2 8 2 
= | 59 Pr |) 2 8 18 18 3 8 2 
& | 60 Nd | 2 8 18 18 4 8 2 
§ | 61 Pm} 2 8 18 18 5 8 2 
= | 62 Sm | 2 8 18 18 6 8 2 
@ | 63 Eu | 2 8 18 18 a 8 2 
. | 64 Gd | 2 8 18 18 7) 8 1 D 
© |.65. Tb] 2 8 18 18 9 8 2 
2 | 66 Dy | 2 8 18 18 10 8 2 
= | 67 Ho | 2 8 18 18 11 8 2) 
@ |68 Er | 2 8 18 18 12 8 2 
ee 09) dm 02 8 18 18 13 8 2 
Bal 701xb) |) 2 8 18 18 14 8 2 
ee rieu. "2 8 18 18 14 8 1 D 4 Full 
— —— 

2 GH a2 8 18 32 8 2 2 
73 Ta | 2 8 18 2 8 3 2 
14.W | 2 8 18 32 8 4 2 
75 Re | 2 8 18 32 8 5 2 
76 Os | 2 8 18 32 8 6 2 
77 Ir 2 8 18 32 8 7 2 
7S EPt || 2 8 18 32 8 9 1 
79 Au | 2 8 18 32 8 |10 1 
80 Hg | 2 8 18 32 8 |10 2 5d Full 

KH, 

SLi |e 8 18 32 18 Dale 
82 Pb | 2 8 18 32 18 Dae 
832 BiG | 2 8 18 32 18 2ub3 
84 Po | 2 8 18 32 18 2 3 
S5rAt. 8 1 2 

1 216 6p Full 86 Rn | 2 8 18 32 8 p 

87 Fr | 2 8 18 32 18 8 1 
38 Ra | 2 8 18 32 18 8 2 | 7s Full 
89 Ac | 2 8 18 32 18 Sra fe 

{| 90 Th | 2 8 18 32 18 Seale ae 
91 Pa | 2 8 18 32 18 pees am ate 
92 U 2 8 18 32 18 Be See wii eal ie 
93 Np | 2 8 18 32 18 5} 8 2 

~|94 Pu | 2 8 18 32 18 6} 8 2 
£195 Am] 2 8 18 32 18 es 2 
£/96 Cm] 2 8 18 32 18 Filer Shae san 
$] 97 Bk | 2 8 18 32 18 9} 8 2 
<| 98 Cf | 2 8 18 32 18 |10| 8 2 

99 Es } 2 8 18 32 18 |11] 8 2 
100 Fm | 2 8 18 32 13; 21129 48 2 
101 Md | 2 8 18 32 18 |13] 8 2 
102 No | 2 8 18 32 18) S14 ees 2 
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electrons are to occupy the three p orbits in any one shell one will go into 

each of the three available orbits. 
A more detailed representation of atomic structures, showing the spins 

of the electrons, is made possible by the application of this rule, and the 
electronic arrangements in the atoms having atomic numbers of 1 to 10 are 
shown in Fig. 24. 

Fic. 24. Illustration of the spins of electrons in simple atoms. 

THE PERIODIC TABLE 

The periodic table of the elements was first drawn up by listing the 
elements in the order of their relative atomic masses, as described on 
pp. 25-31. At first, there was no understanding as to why such an arrange- 
ment should fit elements into groups with similar chemical properties. The 
deeper significance of the arrangement came, first, from a study of X-ray 
spectra and, more completely, from a knowledge of the arrangements of 
the electrons in different atoms. 

7. X-ray spectra. When a solid anode is bombarded by cathode rays to 
produce X-rays, the X-rays given out are of varying wavelength. Bom- 
bardment of every element gives a general, or white, X-radiation which 
shows up in an X-ray spectrum as a continuous background. Superimposed 
on this background, however, are a number of lines characteristic of the 
particular element being used as the anode. These lines occur in groups, 
known as the K, L, M,N... groups, and there are various lines within 
each group. 
By measuring the wavelengths of corresponding lines in the X-ray 

spectra of as many elements as possible, Moseley discovered, in 1913, that 
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the square root of the frequency of corresponding lines for different 

elements gave almost a straight line when plotted against the atomic 

numbers of the elements concerned (Fig. 25). 

This suggested that the atomic number of an element is really of more 

significance than the relative atomic mass in the periodic table arrangement, 

and, on this basis, Moseley was able to make some adjustments in the 

older periodic table orders. Cobalt, for example, has a higher relative 

—- 

FREQUENCY 

10 20 30 
ATOMIC NUMBER 

Fic. 25. The relationship between the atomic numbers 

of some simple elements and the square root of the 

frequency of the Ke lines in their X-ray spectra. 

atomic mass than nickel and ought to follow it in the periodic table so far 

as relative atomic mass is concerned. Moseley found, however, that X-ray 

spectral lines of nickel had higher frequencies than those of cobalt, and 

he therefore placed nickel after cobalt. 

8. Origin of X-rays. X-rays originate from atoms bombarded by fast-moving 

electrons. It is now accepted that the bombarding electrons knock electrons out 

of the inner shells of the bombarded atoms. The displaced electrons are then 

replaced by electrons passing from outer to inner levels, with corresponding 

emission of radiation. A displaced electron from the K shell may be replaced by 

one from the L, M,N... shells, and, possibly, by a free electron from outside the 

atom. Such electrons shifts give rise to the group of K lines in an X-ray spectrum, 

and other groups of lines are formed similarly. 

The X-rays of continuously varying wavelength which provide the background 

to an X-ray spectrum are thought to originate from collisions of bombarding 

electrons with atomic nuclei. 

9. Electronic structures and the periodic table. Once the arrangement of 

electrons in different atoms had been worked out, the significance of the 

periodic table became much clearer. In particular, all the atoms in any one 

group of the table were often found to have the same number of electrons 

in their outermost orbit. For example, the elements in Group 1 have the 

structures given on the next page. 
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iw 

Na 2.8.1 
K 2.8.8.1 Cu 2.8.18.1 
Rb 2.8.18.8.1 Ag 2.8.18.18.1 
Cs 2.8.18.18.8.1 Au 2.8.18.32.18.1 
Fr 2.8.18.32.18.8.1 

(A sub-group) (B sub-group) 

The chemical similarities of these elements are due to the fact that they 
all have one electron in the outermost orbit. The chemical differences 
between the sub-group A and B elements arise from the fact that the pen- 
ultimate orbit contains eight electrons in the A sub-group and eighteen in 
the B sub-group. 

Moreover, a complete examination of the electronic structures of the 
atoms of the elements reveals four general types of element. 

a. The noble gases. The arrangement of the electrons in the atoms of the 
noble gases is as follows: 

2] 6 
2] 6 
Zao 
20126 
27/6 

In all these atoms the orbits contain the maximum number of electrons. 
The shell is not necessarily complete but all the sub-levels within a shell are 
complete. Such an arrangement accounts for the stability of the noble 
gases. 

b. Atoms with all except the outer shell complete. These include all the 
elements, in Groups 1-7 B, 1 A and 2 A in the Thomsen-Bohr arrange- 
ment of the periodic table given on page 30. 

Such elements may be regarded as normal elements. They have a more 
or less fixed valency. 

¥ 

c. Atoms with the two outermost shells incomplete, These include all the 
elements in Groups 3-7 A and 8 in the Thomsen-Bohr arrangement. The 
elements are known as transition elements. They form coloured ions, which 
are paramagnetic, exhibit variable valency, and often possess marked 
catalytic activity. 
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d. Atoms with the three outermost shells incomplete. These elements are 

known as the rare earths or lanthanons or lanthanides, and as the actinons 

or actinides. They are series of elements with very similar chemical pro- 

perties, and are placed in Group 3 A in the Thomsen-Bohr arrange- 

ment. 
The electronic structures given on page 112 shows that the lanthanon and 

actinon series have the same number of electrons in their two outermost 

orbits, and that the series are formed by a filling up of the 4f or 5f levels. 

Electrons in such inner levels play only a small part in determining the 

chemical properties of an element and that is why the lanthanons and 

actinons are so chemically similar within their series. 

PARTICLES AND WAVES 

10. Dual nature of light. The word ‘ray’ is used somewhat indiscriminately 

to describe both a stream of particles and wave-like radiation, but the 

usage is, perhaps, valid when it is realised that particles may have a wave- 

like aspect whilst waves may have a particle-like aspect. 

Newton originally regarded light on a corpuscular theory, but Huyghens 

introduced the wave theory of light. The wave theory is essential in 

accounting for interference and diffraction phenomena, whereas the , 

corpuscular theory is necessary to explain, for instance, the photoelectric 

effect. 

In this effect, metals give off electrons when illuminated with light of 

appropriate wavelengths. Moreover, there is a simple relationship between 

the energy of the emitted electrons and the frequency of the incident radia- 

tion. This result was interpreted, by Einstein in 1905, as meaning that 

radiation could be regarded as made up of small ‘packets’ of energy, 

known as photons. The energy of a photon was dependent on the fre- 

quency, according to the basic equation of the quantum theory (p. 105). 

E=hw 

which explained why the energy of the emitted electrons in the photo- 

electric effect was related to the frequency of the radiation. 

11. The wave nature of an electron. So far, the electron has been regarded as 

a tiny, negatively charged particle, but very important results come from a 

consideration of the wave nature of an electron. 

de Broglie first suggested, in 1924, that moving electrons had waves of 

definite wavelength associated with them, and this theoretical prediction 

was demonstrated experimentally when Davisson and Germer showed, in 

1927, that a stream of electrons could be diffracted by crystals acting as 

simple diffraction gratings, just as light- or X-rays can. As it is only possible 

to account for diffraction in terms of waves, it is necessary to assume 
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that a stream of electrons behaves as a wave-like radiation such as light- 
or X-rays. 

The de Broglie relationship between moving electrons and the waves 

associated with them can be expressed mathematically as 

A 
mov 

where is the wavelength of the waves, h is the Planck constant, m is 
the mass of the electron, and v is the velocity of the electron. If this 
expression is written as : 

a 

momentum xX A= h 

it relates the particle-like aspect of an electron, ie. momentum, to the 
wave-like aspect, i.e. wavelength. 

The expression is true for all particles, but it is only with very small 
particles that the wave-like aspect is of any significance. The wavelength of 
a large particle will be so small that its wave-like properties will not be 
measurable or observable. An electron of energy 1.6 x 10- J or 1 eV 
(p. 142) has an associated wavelength of 1.2 nm; an a-particle from 
radium, a wavelength of 6.6 x 10-° nm; and a golf ball, travelling at 
30 m s~1, a wavelength of 4.9 x 10-25 nm. 

It is not easy to obtain a pictorial idea of this new conception of an 
electron, but it is possible to treat the wave nature of an electron mathe- 
matically. This is done by a specialised technique known as wave mechanics 
or quantum mechanics. 

So far as atomic structure is concerned, the idea of tiny, negatively charged 
particles existing in fixed orbits around the nucleus of an atom is replaced by the 
idea of charge clouds of varying charge density existing in a wave pattern around 
the nucleus. The wave pattern for an electron, or a grcup of electrons, can be 
expressed in the form of a mathematical equation, which involves a wave function 
(), the total energy (W) and the potential energy (V) of the system, the mass of 
the electron (m), the Planck constant (A) and the co-ordinates of the system. The 
equation, developted by Schrédinger, is written as follows for a single-electron 

Pee “Fb BY BN Bn? m 
Be tH tyet oe (W—V)p=0 

The equation can only be solved satisfactorily when the total energy of the 
system has certain definite values, and these values correspond to those of the 
more precise stationary states in the Bohr model of the atom. The allowable wave functions corresponding to the energy values which allow the Schrédinger equations to be solved are known as characteristic functions or eigenfunctions. From these eigenfunctions, the probability of finding an electron in the region 
around a nucleus can be calculated, and the region in which the electron might have any probability of existing is referred to as an orbital. 

An electron can no longer be said to occupy a specific, limited orbit. 
Instead, it must be thought of as existing in a much more diffuse region 
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known as an atomic orbital. The relation between this new idea and the 

older one of stationary states is that the position of greatest probability for 

finding the electron closely corresponds to that of the more definite orbits 

previously envisaged. 

12. Representation of atomic orbitals. As there is a probability of finding an 
electron in a diffuse region around 

a nucleus there is a distribution of 

charge around the nucleus, and 

atomic orbitals are represented as 

charge clouds having varying 

charge density. On this basis, the 

single electron in the 1s orbital of 

(b) a hydrogen atom may be repre- 

Fic. 26. Two methods of representing a sented as shown in Fig. 26a, which 

1s atomic orbital. (a) Showing the varia- trjes to depict the variation in 

tion of charge density by shading. (6) charge density. A rather simpler 
The boundary surface for a 1s atomic 
orbital: method, however, is more com- 

monly used, and this maps out a 

boundary surface within which an electron might be said to exist; the 

boundary surface for a 1s orbital is shown in Fig. 26b. 

This means that the electron exists somewhere within a sphere with the 

atomic nucleus at its centre. All electrons in s orbitals have similar spherical 

boundary surfaces, and s orbitals are said to be spherically symmetrical. 

The charge cloud is not con- 

y y y centrated in any particular 

direction. 

x Se x Gt) oolee) p orbitals, however, are 

Z Cin) CP dumb-bell in shape and have 

£. fe = a marked directional character 

Pe h, by depending on whether a px, a 

Fic. 27. The boundary surfaces of px, py and Py OF 4 Pz orbital is being 

p; orbitals. considered. The boundary sur- 

faces of p orbitals are shown 

in Fig. 27. These p orbitals possess a nodal plane, i.e. a plane in which the 

probability of finding the electron is zero. 

The shape of the boundary surfaces of s and p orbitals, and of other 

orbitals obtained by combination of s and p orbitals, is of very great 

significance, in considering chemical combination between atoms, as will 

be seen in the next chapter. 

13. The uncertainty principle. One of the fundamental differences between an 

electron and a larger particle is that the wave-like aspect of the electron is of much 

greater significance than the wave-like aspect of the larger particle (p. 118). 
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There is, too, a further difference. Both the position and the velocity of a large 
particle, e.g. a planet, at any one time can be measured with fair accuracy, but 
this cannot be done for anything so small as an electron. There is simply no way 
of measuring the velocity of an electron exactly and of locating it exactly at any 
one time. This is because any method of measurement affects the electron being 
measured, An electron might be detected, for example, by using very short 
wavelength X-rays, or y-rays, if the electron would cause scattering of the rays, 
but the speed and direction of the electron would be affected by the rays, and 
electrical or mechanical methods would have the same result. 

The information which can be obtained about an individual electron is, there- 
fore, far from precise, and this is one example of the application of the Uncertainty 
Principle put forward by Heisenberg in 1927. This states that the more accurately 
the position of a particle is defined the less accurately is its velocity known, and 
the more accurately the velocity is defined the less accurately is its position known. 

de Broglie’s relationship (p. 117) indicates why this is so. A long wavelength 
can be measured with greater fractional accuracy than a short one. If, therefore, a 
particle has a small momentum, and a correspondingly large wavelength, the 
wavelength can be measured with some accuracy, but this is at the expense of a 
relatively inaccurate determination of the small momentum. Alternatively, if 
the momentum is large and can be measured with some accuracy, the wavelength 
will be small and will not be known with any accuracy. 

Because it is impossible to know the position and the velocity of any one 
electron, the best that can be done is to try to determine the probable position 
and the probable velocity. Fortunately, wave mechanics enables the various 
probabilities to be calculated, but, in so doing, the simple physical picture of a 
single, particle-like electron moving with known velocity in a definite and precise 
orbit is lost. 

QUESTIONS ON CHAPTER 11 

1. How would you try to convince a person with little or no scientific know- ledge that light is a form of energy ? 
2. Describe any experimental arrangement which shows that light is a form of energy. 
3. What different types of spectra are there, and how could one example of each type be obtained ? ; 
4. What was the origin of the symbols K, L, M and s, p, d, f? 
5. The value of the Rydberg constant is 1.097373 x 10’ m-*. Calculate the wavelength of the first lines in each of the four common spectral series of hydro- gen. 
6. The Planck constant can be measured by investigation of black body radia- tion or of the photochemical effect. Describe the general principle of these methods. 
7. (a) What observations led to the original ideas of the quantum theory? (6) How does the quantum theory account for the variation of the specific heat capacity of a solid with temperature? 
8. ‘Planck’s quantum theory is the foundation of modern chemistry.’ Comment on this statement. To what extent would chemistry have developed without the quantum theory? 
9. The value of the Planck constant is 6.6256 x 10-** when expressed in J s. Express it in any three other sets of units. 
10. What observations were mainly responsible for the original presentation of the quantum theory? 
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11. If the energy levels in a hydrogen atom corresponding with principal 
quantum numbers 1, 2, 3, 4, 5 and 6 are —217.9, —54.48, —24.2, —13.62, —8.7 
and —6.05 joule x 107° respectively, calculate the wavelengths of lines you 
would expect to observe in a hydrogen spectrum. What would be the ionisation 
energy for hydrogen? 

12. The relationship . = h/mv shows that an electron of mass 9.1 x 107°! kg 
and velocity 5.9 x 10° ms~' has an associated wavelength of 1.234 nm. Calculate 
the wavelength associated with a golf ball of mass 45 gramme travelling at 
30 ms7}, 

13. What is the importance of the Pauli principle? 
14. Write short notes on the following: (i) stationary states, (ii) Planck’s 

constant, (iii) electron spin, (iv) Thomsen. 
15. What part did a study of X-ray spectra play in the development of 

chemistry ? 
16. Explain the relationship between the position of an element in the periodic 

table and the atomic structure of its atoms. 
17. Give an account of the experimental observations which led to the dis- 

covery of the noble gases, and describe a chemical method of preparing crude 
argon from air. Comment on the importance of the inert gas group in the study 
of the periodic classification of the elements and the understanding of atomic 
structures. The atomic numbers of the noble gases are He, 2; Ne, 10; A, 18; 
Kr, 36; Xe, 54. (W.) 

18. Explain concisely what is meant by the periodic classification of the ele- 
ments, indicating, with one example of each, the significance of the terms ‘group’, 
‘short period’ and ‘transitional element’. How is the electronic structure of an 
element related to (a) its position in the periodic classification, (6) its valency? 

Give the electronic structures of the following atoms: argon, carbon, chlorine, 
sodium. How is it that iron (atomic number 26) can have two valencies? (N.) 

19. Justify the statement: ‘The atomic number of an element gives more in- 
formation regarding its atomic structure and is of greater usefulness in its classi- 
fication than its relative atomic mass.’ (N.) 

20. Write an account on ‘Particles and Waves’. 
21. To what extent is it correct to refer to a -particle as a B-ray or an «-particle 

as an a-ray. Could a y-ray be referred to as a y-particle? If so, why is it not more 
commonly done? 

22. What is the uncertainty principle and how does it affect theories of atomic 
structure? 

23. Comment on the statement that ‘an observer must always be part of his 
experiment’. 



Chapter 12 

Radioactive disintegration and isotopes 

A DETAILED investigation of the disintegration of naturally occurring 

radioactive elements was carried out, at the start of this century, by 

Rutherford, Soddy, Russell and others. The investigation involved con- 

sideration of the rate of radioactive disintegration or decay, the types of 

radioactive change which took place, and the nature of the products. 

Perhaps the most important result was the discovery of isotopes. Many 

products of radioactive decay were discovered, and it was found that some 

of them were chemically identical, having atoms with the same atomic 

numbers but different relative atomic masses. Such elements were called 

isotopes, by Soddy, and, since then, many isotopes of non-radioactive ele- 

ments have been isolated. 

RADIOACTIVE DISINTEGRATION 

1. Rate of disintegration. The natural disintegration of a radioactive 

element cannot be retarded or speeded up by any physical or chemical 

means, and the rate of a radioactive change is a characteristic of the atom 

of the element concerned. There are various ways in which the rate can be 
expressed. 

The commonest method is to use the half-life period, which is the time 

required for one half of the element concerned to disintegrate, or the time 

for the radioactivity of an element to be reduced to half its initial value. 

The half-life period of radium, for example, is 1620 years. This means that 

1 kg of radium will be reduced to 0.5 kg in 1 620 years, to 0.25 kg in a further 

1620 years, and so on. The original amount makes no difference; 1 g would 
be reduced to 0.5 g in the same time as 1 kg is reduced to 0.5 kg. For other 
elements the half-life period may be a fraction of a second, or millions of 
years. It is convenient to remember that a time of 10 half-lives reduces the 
activity of a radioactive element about 1000 times. 

The rate of disintegration is directly proportional to the number of 
atoms present, and the rate gets slower and slower as more and more 
atoms break up. The rate can be expressed in a relationship similar to that 
used for first-order reactions (p. 337), 

dN 
Den ree: AN 

where N is the number of undecayed atoms, ¢ is the time in seconds and 
4 is a constant. If No is the number of radioactive atoms present at zero 
time, then 

N/No ser" 

The constant, A, is called the radioactive decay constant; its units are 
she 
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After the half-life period, N will equal 0.5 No, so that 

0.5 = e744 

In2__ 0.693 
ear ee 

where #; is the half-life period in seconds. It will be seen that a large value 

of A gives a small value of t,. The rate of disintegration is expressed in 

terms of the number of disintegration per second, i.e. the number of 

atoms which split up in one second. 

Another unit of disintegration rate known as the curie is also used. This 

was, originally, taken as the rate of disintegration of 1 g of radium, but it 

is now redefined as 37 x 10° disintegrations per second. The amount of a 

radioactive substance which undergoes 37 x 10° disintegrations per second 

is also called a curie. The millicurie (one thousandth of a curie) and the 

microcurie (one millionth of a curie) are also used. 

The radioactive decay constant for 7°°U, with a half-life of 4.5 x 10° years will 
be given by 

hes. 0.693 
4.5 x 10° x 365 x 24 x 3600 

238 g of 23°U contain 6.02 x 10%? atoms. The rate of decay of 238 g of 7**U in 
disintegrations per second will, therefore, be 4.883 x 10728 x 6.02 x 107, 
ie. 2.939 x 10°. The rate of decay of 1 g of 238) will be zts Of this. 

As 1 curie is a rate of disintegration of 3.7 x 10! s-4, 238 g of 238U represent 
2 Fa. 10°/3.7 x 10°, i.e. 7.943 x 10-5 curie. 1 curie of 738U will be 2.996 
x 10 
For cobalt-60, with a half-life of 5.2 years, 1 curie is equivalent to 8.73 x 10-* 

It will be seen that there is a remarkable range of disintegration rates and that ie 
mass of a radioactive substance representing 1 curie varies very greatly. 

These calculations can be generalised into the statements 

SASSI ONO grt 

No. of grammes of isotope equivalent to 1 curie = 8.872 x 10-** x A X fy 

1.127 x 10% 
No. of curies per gramme of isotope Snes ei 

where A is the mass number and 1; the half-life period of the isotope in seconds. 

2. Types of disintegration. The commonest type of radioactive change is 

brought about by the loss of either an «- or a B-particle. y-radiation may 

result from energy changes within an atom following the loss of an «- or 

B-particle. In artificial radioactivity, too, disintegration may take place by 

other processes (p. 146). 

a. Loss of an «-particle. Disintegration by loss of an «-particle (a helium 

nucleus of mass 4 and charge +2) means a lowering of mass number of 4 

and of atomic number of 2. Uranium, for example, with mass number 238 

and atomic number 92 forms an element with a mass number of 234 and 

an atomic number of 90 when it loses an «-particle. The new element is 
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called uranium X;,; it is an isotope of thorium. The change is conveniently 
represented as 

238U —» UX,(or 73Th) + #He 

the superscripts showing the mass numbers and the subscripts showing 
atomic numbers. 

b. Loss of a B-particle. Loss of a B-particle (an electron) causes no significant 

change in mass number but an increase of 1 in atomic number. This is 

because the loss of 1 negative charge is equivalent to the gain of 1 positive 
charge. Uranium X,, for example, disintegrates by loss of 8-particles, the 
product, uranium X;, having a mass number of 234 and an atomic number 
of 91; it is an isotope of protoactinium. The change is written as 

UX, (or 736Th) —> UX,(or 734Pa) + -9e 

3. Disintegration series. The final outcome of much research was that the 
disintegration of naturally occurring radioactive elements could be sum- 
marised in three radioactive disintegration series, known as the uranium, 
thorium and actinium series. The disintegration series of uranium is 
typical and the table on page 125 shows how the various changes take 
place and the nature of the elements involved. 

It is fairly unusual for a radioactive change to take place in two alternative 
ways, but radium C can either lose an «- or a 8-particle. 99.96 per cent of radium 
C’ is formed and only 0.04 per cent of radium C”. Uranium I and II (atomic 
number, 92), radium A, C’ and F (atomic number, 84) and radium B, D and G 
(atomic number 82) form groups of isotopes in this series. 

The thorium and actinium series are shown, using modern notation, as follows: 

a. Thorium Series 

—% =B — —« —« 730 hh —» 738Ra —» 728Ac ——» 28Th —“» 224Ra >» 
—8 212p, = 
ee s4rO & 

—> 78Rn > %6Po —*5 -Bpp —*, 22: Stee 
rae 2087) ry 

b. Actinium Series 

731Pa ——» "BAc——» 83 Th —“> *#Ra —“>"BRn “> 
y —6 11D¢ ~e 

21$p9 __* 2 pp 2B; 742Pb ——> “34 O —> “92PD —> “33 ——— 271 — 

The position of the various isotopes involved in these series in the periodic 
table is governed by the fact that loss of an «-particle leads to the formation of an 
element situated two places to the left in the periodic table whilst loss of a B- 
particle gives an element situated one place to the right. 

It will be seen that the stable end product of each of the three disintegration - 
series is an isotope of lead. 
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Modern 
Element symbol 

Uranium I 

—a 

Uranium Xi 

—B 

Uranium Xe 

-8 

Uranium II 

—a 

Tonium 

—a 

Radium 

=e 

Radon 

—O 

Radium A 

—4 

Radium B 

= 

Radium C 

=f 

Radium C’ 

—« Radium C” 

wat 
Radium D 

—B 

Radium E 

—B 

Radium F 

—a 

Radium G 

Periodic 
table 

group no. 

125 

Half-life 

4.5 x 10° year 

24.5 day 

1.14 min 

2.7 x 105 year 

8.3 x 10° year 

1620 year 

3.8 day 

3 min 

26.8 min 

19.7 min 

157<10-"'s 

1.32 min 

22 year 

5 day 

140 day 

Stable 
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ISOTOPES 

4. Positive rays. Investigation of radioactive disintegration series shows 
that more than one element can occupy the same position in the periodic 
table. Such elements must have the same atomic numbers, but they are not 
absolutely alike for they have different mass numbers. Soddy, as a result of 
his work on radioactivity, called such elements isotopes. They have the 
Same atomic number, but different mass numbers, or, in other words, the 
same arrangement of electrons and the same number of protons, but 
different numbers of neutrons in the nucleus. 

The existence of isotopes of non-radioactive elements was shown by 
positive ray analysis. Positive rays, first discovered by Goldstein in 1886, 
are formed in a discharge tube as well as cathode tays, and may be ob- 
served by using a tube with a perforated cathode. If this is done, the 

Cathode 
rays Positive 

rays 

+ ve 

—ve 
(perforated 

Pye cathode) 
Fic. 28. Positive rays. 

radiation passing through the holes in the cathode (Fig. 28) is found, by 
the effect of electric and magnetic fields, to consist of positively charged 
particles much heavier than the electrons of cathode Tays. 

Measurement of the charge/mass ratio for Positive rays obtained in tubes 
containing different gases indicates that the rays are made up of positively 
charged atoms or molecules formed by loss of electrons from the atoms or 
molecules of the gas in the tube. 

Application of magnetic and electric fields enables the various particles 
in the positive rays to be ‘sorted out’ according to their weight. Thomson 
first investigated positive rays from a tube containing neon, of relative 
atomic mass 20.183, and he found that neon was, in fact, made up of two 
isotopes, one of mass 20 and one of mass 22° 

This method of positive ray analysis for detecting isotopes was further 
developed by Aston using an apparatus known as a mass spectrograph, 
and by Dempster, and others, using a mass spectrometer. 

5. The mass spectrograph. In this apparatus, positive rays from a discharge 
tube are passed through two slits, A and B, in an evacuated vessel (Fig. 29). 
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The thin beam of rays is then subjected to an electric field between plates P 

and O, and this causes the beam to be deflected and spread out, because 
the slower positively charged particles are deflected more than the quicker 

ones. The spread-out beam is then passed through a diaphragm, D, and 

between the poles of a magnet, M. The magnetic field deflects the beam in 

the opposite direction to the deflection caused by the electric field and, 

once again, the slow particles are deflected most. 

By adjusting the relative strengths of the electric and magnetic fields, all 

positively charged particles of the same mass, irrespective of their different 

velocities, can be focused on to the same line on a photographic plate at S. 

i 
Particles with diff. i 1 

charge/mass ratio and ‘ r 
diff. velocities Se 

Fic. 29. The principle of Aston’s mass spectrograph. 

The result has the appearance of a line spectrum (p. 104), the lines on the 

plate each corresponding to a particle of definite mass in the positive rays; 

it is known as a mass spectrum. Moreover, the intensity of each line gives 

an indication of the relative amount of each particle present, though not 

very precisely. 

As particles originally having widely different velocities are focused by 

the electrical and magnetic fields, Aston’s method is known as velocity 

focusing. A mass spectrograph gives a photographic record, and is mainly 

intended for measuring isotopic masses. 

6. The mass spectrometer. The relative abundance of each particle present 

in a beam of positive rays is best measured by a mass spectrometer. In this 

apparatus, a beam of positive rays is obtained by passing a slow stream of 

gas or vapour (from a heated filament), at very low pressure, through a 

beam of electrons. Collision with the electrons gives a beam of positive 

rays. 

The beam consists of positively charged particles with different velocities 

and different charge/mass ratios. The beam is now passed through an 

electrical field between plates A and B (Fig. 30) and this produces a beam 
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of particles all having about the same velocity, but still with different 
harge/mass ratios. On passing this beam through a magnetic field, 

‘particles with the same charge/mass ratio can be focused on to a conductor 
connected to an electrometer. Changing the magnetic field, or the electrical 

field between A and B, brings another group of particles with a different 

charge/mass ratio into focus on the conductor. The charge on the electro- 

meter when different particles are in focus measures the relative abundance 

of the various particles. 

A mass spectrometer differs from a mass spectrograph in three respects. 

The beam of positive rays is obtained differently, the particles in the beam 

Gas or vapour 
at very Particles with diff. 
low pressure charge / mass ratio but 

about equal velocities 

To 
\ electrometer 

Electron s ie D—— 
beam oes 

Fic. 30. The principle of Dempster’s mass spectrometer. 

are accelerated by an electrical field so as to have about the same velocity, 
and measurement of charge replaces the use of a photographic plate. The 
method of focusing is known as direction focusing, and the method has 
been applied, more recently, by Nier. 

7. Examples of isotopes. Almost all elements have now been found to have 
stable, naturally occurring isotopes, and many have a very wide variety. 
Typical examples are given below. 

Relative atomic Relative 
Element Isotope mass of abundance 

isotope (per cent) 

%2C 12.00000 98.89 
RC 13.003 35 1.11 

HCl 34.968 85 75.53 
77Cl 36.965 34 24.47 

a. Isotopes of hydrogen. Hydrogen has two main isotopes, known as 
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hydrogen or protium and heavy hydrogen or deuterium. The atomic 

structures of the two isotopes are 

Hydrogen or Heavy hydrogen 
protium, tH or deuterium, 7H or D 

The existence of deuterium was discovered by Washburn and Urey, in 

1931, by a careful examination of the line spectrum (p. 104) of the hydrogen 

resulting after several litres of liquid hydrogen had been evaporated. 

This discovery was followed, in 1932, by the discovery of deuterium 

oxide, or heavy water, D,O or 7H,O, by Washburn and Urey. They found 

that the residue remaining after water has been almost completely de- 

composed by electrolysis was rich in deuterium oxide, and almost pure 

deuterium oxide can now be obtained in large quantities by an extension of 

this method. 
Normal hydrogen contains some deuterium (about 0.015 per cent) and 

ordinary water contains about the same proportion of heavy water. 

The chemical properties of hydrogen and deuterium, or of water and 
deuterium oxide, are very similar, but the physical properties differ, as is 

seen in the following table: 

Hydrogen | Deuterium Water Deuterium 
oxide 

Relative atomic mass __. | 1.007825 | 2.0140 
f.p.orm.p. . 4 mete aK 18.7K 0°c 3.802°C 
b.p. ; ‘ A .| 204K 23.5K 100°C 101.42°C 
Density (g cm~*) at 20°C 0.998 1.106 
Temp. of maximum density 4.0°C 11.6°C 
Ionic product at 25°C. 1.0:X.1037 | 1,8 107" 

A third isotope of hydrogen, known as tritium, can be made, though it 

is very doubtful if it exists naturally in ordinary hydrogen. Tritium is 

formed, for example, when the °Li isotope of lithium is bombarded by a 

stream of neutrons, 

SLi + in —> #He + 7H 

The structure of the tritium atom is 

Ox 
Tritium, 7H 
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b. Isotopes of uranium. These isotopes are of particular significance in 

atomic energy work (p. 149). The structures of the isotopes are as follows: 

92e 92e 92e 

238[J 235UJ 2347) 

Natural uranium consists almost entirely of *U, with about 0.72 per 
cent (1 part in 140) of 7°U and 0.006 per cent of 734U. 

c. Isotopes of oxygen. Oxygen has three isotopes, with atomic structures 

8p 8p 8p 

16O (99.76%) 170 (0.04%) 180 (0.20%) 

The percentage abundance of each isotope in ordinary oxygen is shown 
in brackets. 

In conjunction with the three possible isotopes of hydrogen it is evident 
that these three isotopes of oxygen can form at least nine ‘different’ sorts of 
water formulated as 'H,1°O, 'H,!70, 1H,"*O, 7H,°O, *H.'O, *H."0, 
3H,1°O, 3H,170 and 3H,80. 

8. Physical relative atomic masses. The definition of the relative atomic 
mass of an element (p. 20) as 

Mass of 1 atom of the element 
qs X Mass of 1 atom of oxygen 

has had to be adjusted since the discovery that there are three isotopes 
of oxygen. : 

Ordinary oxygen is a mixture of all three isotopes, and the mass of 
1 atom of oxygen in the above definition now means the average mass of 
an atom in the mixture of isotopes existing in ordinary oxygen. Relative 
atomic masses measured by chemical methods, using this definition, are 
referred to as chemical relative atomic masses. — 

When, for example, the relative atomic mass of chlorine is given as 
35.457, this is the chemical value. It does not mean that any single atom of 
chlorine has this relative atomic mass, but that this is the average value of 
the isotopes of which chlorine is made up. Chlorine does, in fact (p. 128), 
consist of two isotopes, *°Cl and °’Cl, and it is because these isotopes are 
present in the ratio of about 3:1 that the chemical relative atomic mass of 
chlorine is about 35.5. 

Chemical relative atomic masses are perfectly satisfactory for many 
chemical purposes, but physical relative atomic masses give a better measure 
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of the relative masses of individual isotopes. In physical relative atomic 

masses, oxygen in the definition given at the beginning of this section is 

taken to mean the '°O isotope of oxygen. 

Physical relative atomic ___ Mass of 1 atom of element 
mass of an element zis X Mass of 1 atom of *O 

On this scale, the relative atomic mass of ordinary oxygen has a value 

of 16.0043. This is the averaged atomic mass of '°O, !7O and 180 isotopes, 
and it is the physical relative atomic masses, or isotopic masses, of in- 

dividual isotopes which are of major significance. These can be measured 

by the mass spectrograph, a modern instrument giving an accuracy of 1 

part in 100000. Such accurate values for individual isotopes are particularly 

important in work on nuclear reactions. 

In 1961, the International Union of Pure and Applied Chemistry agreed 

to replace the 7°O isotope of oxygen by the C isotope of carbon as the 
basis for atomic mass definition. This is because, nowadays, the deter- 

mination of accurate isotopic masses in a mass spectrograph is done in 

relation to the mass of the !2C isotope. This method is adopted because it 
is easy to obtain ions containing many carbon atoms in a mass spectro- 

graph. 

Thus 

Physical relative atomic __ Mass of 1 atom of element 
mass of anelement — -4; x Mass of 1 atom of ?C 

This new definition causes a lowering of relative atomic mass values as 

expressed on the 1°O scale. The values on that scale have to be multiplied 
by approximately 0.9997 to obtain the values on the °C scale. 

9. Separation of isotopes. As isotopes have the same chemical properties, 
their separation must depend on physical methods making use of the 

slight mass difference between different isotopes. The following methods 

are the most important. 

a. Electromagnetic separation. This method adopts the principle of the 

mass spectrometer (p. 127). Groups of different isotopes are deflected 

differently by a magnetic field and can be collected in containers placed in 

appropriate positions. The method is expensive if used for large quantities 

of material. 

b. Gaseous diffusion. The rate of diffusion of a gas is inversely proportional 
to its density, according to Graham’s law (p. 39). Thus, when a gas con- 

taining a mixture of two isotopes is allowed to diffuse through a porous 

partition, the lighter isotope passes through more rapidly than the heavier 

one. 
A single stage diffusion through one partition gives only a very partial 



132 Introduction to Physical Chemistry 

separation, and, in practice, several thousand stages, in a cascade arrange- 

ment, may be necessary to bring about a good separation. A cascade 

arrangement uses the same sort of principle as a fractionating column. The 

lighter gas mixture passing through a porous partition is taken on to the 

next stage, whilst the heavier gas mixture which has not diffused is returned 

to an earlier stage. The principle is illustrated in Fig. 31. 

This method was adopted for separating *5U and 73*U, a mixture of 
35UF, and “®UF,, which are gases, being used. The hexafluoride is one of 
the few gaseous compounds of uranium, and has the advantage that 
fluorine has no isotopes. It is, however, very corrosive. 

Fic. 31. Part of the arrangement used for separating isotopes by gaseous diffu- 
sion. The dotted lines represent porous partitions. The lighter fraction, passing 
through a partition, is passed on to the right. The heavier fraction is returned, for 
recycling, to the left. Pumps are used to maintain circulation, and several thou- 
sand stages may be required to give a good separation. 

c. Thermal diffusion. A long, vertical, cylindrical tube, with an electrically 
heated wire running down its axis, is used in this method. If a gaseous 
mixture of isotopes is introduced into the tube, the lighter isotopes diffuse 
more rapidly towards the central, hot region where they are carried 
upwards by convection currents. The heavier isotopes, near the cold, outer 
surface of the tube, are carried downwards. Thus the lighter isotope collects 
at the top of the tube, and the heavier one at the bottom. 

QUESTIONS ON CHAPTER 12 

1. If the half-life of radium is 1620 years, what is its radioactive decay con- stant? What will be the rate of disintegration of 1 g of radium in terms of atoms ‘disintegrating per second? How many curies is this? How many grammes of radium represent 1 curie? 
2. If the decay constant for radium is 1.356 x 10~*, calculate the time required for (a) 10 per cent, (6) 90 per cent of a sample of radium to disintegrate. 3. If 1 curie of radium of isotopic weight 226 and half-life 1620 year is 1.02 g, 
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how many grammes of cobalt 60, of half-life 5.2 year, will represent 1 curie? If 
1 curie of potassium 40 is 146 kg, what is its half-life? 

4. Radon has a half-life of 3.8 day. Plot a graph of the percentage of a sample 
of radon which has decayed against the time in days. 

5. Prove that the mass of a radioactive isotope required-to give 1 curie of 
radiation is equal to 8.87 x 10-** x M x tx, where M is the isotopic mass and 
t the half-life period. Prove, also, that the number of curies per gramme is given 
by 1.13 x 104/M x f4. 

6. If a sample of a radioactive isotope of half-life 3.11 hour has an activity of 
1000 s~? at a certain time, what will be its activity one hour later? 

7. What is the percentage loss in the activity of a radioactive element after 1, 
10 and 100 half-life periods? 

8. The period of average life for a radioactive substance is the time within 
which the whole of the substance would disintegrate if the initial disintegration 
rate remained constant. How is the period of average life related to the disinte- 
gration constant? 

9. Explain why it is that the determining factor for the detection of a radio- 
active substance by the measurement of its radiation is the product of the amount 
of substance and its disintegration constant. 

10. The ratio by mass of radium to uranium I in old minerals is 3.3 x 1077. 
In such old minerals the uranium I is in equilibrium with the radium. If the dis- 
imtegration constant for radium is 1.39. x 10-11 s~*, what is the value of the 
disintegration constant for uranium I? 

11. Give an account of the early work on radioactivity of Rutherford, Russell 
and Soddy. 

12. 78U emits an «-particle to form UX;,. This, in turn, emits a ®-particle to 
give UX,. What are the atomic and mass numbers of UX; and UX,? 

13. 2383Np emits a -particle to give an isotope which then decays to **U. 
What particle is emitted in the final decay? 

14. 238) decomposes by emitting (a) and forming “Th. This isotope under- 
goes decomposition with @-emission forming (b). What are (a) and (6)? 

15. The thorium, uranium and actinium disintegration series are sometimes 
known as the 4n, 4n + 2, and 4n + 3 series respectively. Why is this? What iso- 
topes might exist in the 4n + 1 series? 

16. Write symbols showing the mass number and the atomic number:for an 
electron, a proton, a neutron, a positron, a deuteron and an «-particle. 

17. Write symbols showing the mass number and the atomic number of the 

atoms formed when (a) 738Ra loses an «-particle, (b) 7g8Bi loses a -particle, 

(c) 34U loses five «-particles, (d) 73{Pa loses an «- and a f-particle, (e) 22eRa 

loses two @-particles. 
18. What is (a) an «-particle, (6) a B-ray, (c) a y-ray ? Show how the position of 

an element in the periodic table is affected by (d) the loss of an «-particle, and 

(e) the emission of a @-ray from the nucleus. 

Radium (atomic number 88, atomic weight 226) is placed in Group 2 of the 

periodic classification. The following is a consecutive series of elements produced 

by its radioactive disintegration together with their respective atomic weights: 

radium emanation, 222; radium A, 218; radium B, 214; radium C, 214; radium C’, 

214; radium D, 210; radium E, 210; radium F, 210; raccum G, 206. 

Construct a small table showing (i) their atomic numbers, (ii) their main group 

placings in the periodic table, (iii) the type of radiation emitted at each stage of 

their disintegration. Identify any sets of isotopes which occur in the series. (W. S.) 

19. Three kinds of fundamental particles are of great importance in chemical 

theory. Name them and give their relative masses and charges. 
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What is meant by (a) the atomic number (Z) and (6) the relative atomic mass 
(M) of an element? For sodium Z = 11 and M = 23; how must the nucleus of 
this atom be built up? How is the fractional relative atomic mass of chlorine 
(Cl = 35.5) explained ? How does the explanation conflict with Dalton’s concept 
of the nature of atoms and which other of his postulates concerning elements 
are no longer acceptable? (N.) 

20. Explain the essential differences between Aston’s mass spectrograph and 
Dempster’s mass spectrometer. 

21. Explain why it is that the charge/mass ratio for cathode rays is inde- 
pendent of the nature of the gas in the discharge tube, whilst the charge/mass 
ratio for positive rays is smaller than that for cathode rays and depends on the 
nature of the gas in the tube. 

22. If natural oxygen consists of 99.758 per cent of an isotope of mass 16, 
0.0373 per cent of an isotope of mass 17.004 534 and 0.2039 per cent of an isotope 
of mass 18.004 855, calculate the average mass of an atom in natural oxygen. 

23. Compare the functioning of Aston’s mass spectrograph with that of an 
achromatic prism. 

24. Give an account of some typical uses of isotopes. 
25. It has been suggested sodium chloride obtained from the depths of the sea 

might be richer in *’Cl than sodium chloride found on the earth’s surface. Is there 
any validity in this? 
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The atomic nucleus 

1. Splitting the atom. In naturally occurring radioactive elements the 

nuclei of the atoms concerned are constantly splitting, and the process 

cannot be stopped. The nuclei of other atoms are more stable, but they can, 

nowadays, often be split by bombardment with particles such as «-particles, 

protons or neutrons. 

The first artificial disintegration of a nucleus was observed by Ruther- 

ford, in 1919, when he passed «-particles from Radium C (p. 125), through 

nitrogen gas and discovered that protons were ejected. In 1925 Blackett 

demonstrated that this ejection of a proton was accompanied by the 

formation of the 70 isotope of oxygen. The so-called nuclear reaction was 

represented as, 3 

MN + {He —> 1H + % 
At this time, «-particles were the most convenient particles available for 

use as projectiles in bombarding nuclei. $-particles (electrons) could have 

been used, equally simply, but they are far too light to be effective. It 

would be like shooting peas at elephants. The «-particle is heavy, in com- 

parison, but it is not a perfect bombarding particle because of its positive 

charge. The nucleus being bombarded is positively charged so that another 

positively charged particle must have sufficient energy to overcome the 

electrostatic repulsion if it is to ‘score a hit’. 

The developments in nuclear disintegration have centred round the 

introduction of new bombarding particles and of new methods of increas- 

ing their energy. 

In 1932, Cockroft and Walton used an electrostatic accelerator to pro- 

vide high-speed protons. By this means they converted atoms of lithium 

into atoms of helium, 

1H + 3Li —> 2 3He 

Deuterons (deuterium nuclei) were also used; they have twice the mass of a 

proton but still suffer by being positively charged. Electrostatic accelerators 

were followed by cyclotrons, synchrotons and cosmotrons, all designed to 

provide charged particles with greater and greater energy. Protons with 

energy of about 1.6 x 10~° J or 10 GeV, can be obtained. 

Charged particles have their limitations, however, no matter what their 

energy may be, and the discovery of the neutron (p. 101) provided one of 

the best bombarding particles, for it is quite heavy and has no electrical 

charge. It can, therefore, approach a nucleus without being electrically 

repelled. Examples of its use are given in the following section. 

2. Artificial radioactivity. Elements with atomic number greater than 83 are 

naturally radioactive, but other naturally occurring isotopes are not. It is 

possible, however, to make isotopes which are radioactive by nuclear 

reactions. The radioactivity is referred to as artificial or induced radio- 
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activity. More than a thousand radioactive isotopes are now known, and 
many of them are extremely useful (see section 4). 

The first radioactive isotopes to be produced were obtained by M. and 
Mme Curie-Joliot, in 1933. They bombarded aluminium, beryllium and 
magnesium with «-particles and obtained radioactive isotopes of phos- 
phorus, nitrogen and silicon respectively, e.g. 

Al + {He —> #P + in 

Other nuclear reactions giving radioactive isotopes of sodium, carbon 
and sulphur respectively are represented by the following equations: 

{Na + in —> 7tNa 
MB +?H—>4C + in 
HCl +in —>¥S +4H 

3. Detection and measurement of radiation. The detection and measurement 
of the various sorts of radiation associated with radioactivity is very im- 
portant both for research purposes and in order to ensure that radiation 
does not build up to dangerous limits, for exposure to too much radiation 
is injurious. 

Detection and measurement methods depend, in principle, on the detec- 
tion of charged particles. X-rays and y-tays, though not charged, can be 

detected because, when they pass 
Camera through a gas, they eject electrons 

from the gas molecules and, 
therefore, form charged particles. 
Neutrons similarly, can be made 
to give rise to charged particles 
by collision with hydrogen atoms, 

<— Light 

for fast neutrons, or by collision | 
with boron-10 or lithium-6, for 
slow neutrons. 

a. Cloud chambers, It has already 
been mentioned (p. 91) that 

Piston cathode rays cause the formation 
Fic. 32. Principle of the Wilson cloud of a fog when passed through a chamber, supersaturated vapour by pro- 

viding nuclei for condensation. 
Wilson, in 1912, designed a very important piece of apparatus, known asa 
cloud chamber, for making use of this phenomenon to make the paths of 
charged particles visible. 

The space inside the cloud chamber (Fig. 32) contains, initially, dust-free 
air, saturated with water vapour. Sudden expansion of this air, brought 
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about by the rapid movement of a piston, causes cooling so that the air 

becomes supersaturated. The passage of charged particles into the chamber, 

at this stage, leaves visible tracks, which can be photographed, along the 

paths of the particles. 

Not only can the particular paths be followed, but the ranges and 

energies of the particles can be measured. An «-particle, being heavy, 

normally travels in straight lines, but 6-particles are more readily deviated 

by collision with air molecules. 

Collisions between particles, resulting in the formation of new particles, 

can also be followed in the cloud chamber. 

In recent modifications a cloud chamber can be made to operate automatically 
by the arrival of particular radiation at other suitably placed detectors. When used 
in conjunction with a magnetic field, provided by an external electromagnet, a 
cloud chamber shows the paths of charged particles as curves. The direction of 
the curvature in relation to the direction of the magnetic field shows the sign of 
the charge on the particle, and the amount of curvature enables the speed of the 
particle to be calculated if its mass and charge are known. 

Finally, a continuous or diffusion cloud chamber can operate continuously. In 
such a cloud chamber a continuous region of supersaturated vapour is provided 
by allowing vapour to diffuse downwards from the top of the cloud chamber, 
which is kept hot, to the bottom which is kept cold. 

b. Bubble chambers. In bubble chambers, developed by Glaser, since 

1952, a superheated liquid is used instead of the supercooled vapour of the 

cloud chamber. Charged particles now provide nuclei for the formation of 

bubbles within the liquid and the tracks of bubbles are denser than the 

tracks formed in a cloud chamber. 

c. Geiger counters. A Geiger-Miiller counter consists, essentially, of a 

hollow cylinder with a thin, metal wire passing along its axis and insulated 

from the cylinder (Fig. 33). The cylinder is filled with a mixture of gases at 

Cylinder (cathode) 
Central wire 
(anode) 

Insulator - 

Gas mixture = 
at low 
pressure 

Fia. 33. Principle of the Geiger-Miller counter. 

low pressure, the nature of the gases depending on the use of the counter. 

The cylinder, or cathode, can be earthed, whilst the central wire, or anode, 

can be raised to a potential of up to 1 kV. 
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Passage of a charged, or ionising, particle through the gas in the cylinder 

enables a pulse of current to flow between the wire and the cylinder. Such a 

pulse can be amplified so that it can be recorded on a loud-speaker as a 
sharp click or on an automatic recorder which counts the number of pulses. 
Many different forms of Geiger counter are available commercially, 

some being able to deal with counts of about 10° per second. 

d. Scintillation counters. The spinthariscope (p. 98) relied on the fact that fluor- 
escence is caused when an «-particle falls on to zinc sulphide. Visual observation 
of the flashes of light from a zinc sulphide screen provided one of the earliest 
methods of detection. 

Nowadays, precisely the same principle has been adopted in what is known as 
a scintillation counter. The flashes of light from a zinc sulphide screen, or some 
other phosphor, are allowed to fali on to a cathode with a photo-sensitive coating. 
The flashes of light release electrons from this cathode, by the photo-electric 
effect. These electrons are accelerated from one cathode to another, releasing, at 
each cathode, an increasing number of electrons, until a pulse of current suitable 
for amplification is obtained. The device is known as a photo-multiplier and 
radiations up to a million per second can be recorded. 

e. Photographic emulsion method. The passage of charged particles through a 
photographic emulsion shows up as a track on development. This method has 
been particularly useful in the study of cosmic rays and is described further on 
page 146. 

f. Use of semi-conductors. The conductivity of some semi-conductors (p. 197) 
is greatly increased by exposure to electromagnetic and ionising radiation (p. 348) 
and the current flowing through such a semi-conductor can be used to give a 
direct measure of the intensity of radiation. Cadmium sulphide crystals can be 
used, for example, to measure the intensity of y-rays in this way. 

4. Use of radioactive isotopes. Naturally occurring radium has been used 
for some time in radiotherapy, particularly in the treatment of cancer, and 
the y-rays from radium or radon have also been used in taking radiographs. 
The present commercial availability of artificial radioactive isotopes has, 
however, greatly increased the research and industrial applications of radio 
techniques. The following selection of examples will illustrate the range of 
usage. 

a. Tracer techniques. An object with a very small amount of a radio- 
active isotope attached to it, or incorporated in it, can readily be detected 
by picking up the radiation from it. A joint in a buried pipe or cable can be 
marked, for example, in this way, or the efficiency of a mixing process can 
be followed by adding a radioactive isotope to one of the ingredients before 
mixing and then observing how even the level of radiation is throughout 
the final mixture. 

The wear inside an engine can be measured by making the various 
moving parts radioactive and measuring the resulting radioactivity in the 
circulating oil. The flow of a material, e.g. molten glass through a furnace, 
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fertiliser through a drier, or gases in ventilation systems, can all, also, be 

controlled by tracer techniques. 
There are, too, many biological and medical uses. The uptake of phos- 

phorus by a plant from a phosphate fertiliser can be traced by using a 

fertiliser containing *2P, and radioactive tracer studies, using “C, have 

been very valuable in elucidating the nature of photosynthesis. Introduc- 

tion of radioactive *°Fe into the blood stream has enabled the part played 
by iron in blood formation and use to be studied, and blood circulation is 

followed by injecting a saline solution containing a little “Na. '*I has 

been used both in the diagnosis of thyroid diseases and in research on 

the functioning of the thyroid gland. 
In more specifically chemical procesess, the diffusion of a metal con- 

taining radioactive isotopes into another metal, the solubility of water 

(made from tritium) in hydrocarbons, and the solubility of very sparingly 

soluble salts (made radioactive) in a solvent, can all be measured. More- 

over, chemical reactions of the type, 

AB + B’ —> AB’ + B 

where B and B’ are the same element can be followed if non-radioactive B 

and radioactive B’ are used. In this way exchange rates can be measured. 

The detailed behaviour of any element in other chemical reactions can be 

investigated, too, by using a radioactive isotope of the element. 

b. Direct use of radiation. The ®- and y-rays emitted by radioactive 

isotopes can be very useful, particularly in measuring or controlling thick- 

nesses of materials. The amount of radiation passing through a material 

will decrease as the material gets thicker. If a source of 8- or y-rays is 

placed on one side of the material and a detector on the other side, the 

scale reading on the detector will give a measure of the thickness of the 

material and can, in fact, be calibrated directly in thickness units. Such 

measurements can be made without touching the material concerned so 

that they can be applied, for example, to sheet steel coming through a high- 

speed rolling mill. 

Typical uses are in controlling the thickness of paper, plastic sheeting 

and sheet metal, in checking the packing of tobacco in cigarettes, in 

measuring or monitoring the thickness of coating of one metal on another, 

and in checking the level to which a container is filled with a liquid or solid. 

B-rays can be used for material thicknesses up to about 1.5 mm of steel; 

y-rays up to about 100 mm of steel. 

y-rays are also used in radiography, instead of X-rays. A radioactive 

isotope which gives y-rays is much cheaper, much smaller, and more 

portable and manoeuvrable than X-ray equipment, but y-ray photography 

is much slower than that using X-rays. A typical use is provided by the 

standard method of testing welds when laying a pipeline. Co or ‘Ir 
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are used to provide y-rays which enable a radiograph of the weld to be 
taken. 

5. Types of nuclear reaction. It is conventional to represent a nuclear reaction 
. by writing the target element, the bombarding particle, the emitted particle or 
radiation, and the new isotope formed. Thus the reaction, 

HCl + in—> US + 1H 
is written as {7Cl (n, p) 38S, where n and p stand for neutron and proton respec- 
tively. 

On this basis, possible nuclear reactions, with examples, may be summarised 
as follows: 

Reaction type Example 

19N + 62 —> 4C+4+ 1H 
SLi + n—> 3H + 4He 
t7Ag + In —> MSAg 
$3Cu + 1H —> $3Zn + In 
13F + jH —» ‘0 + $He 
gre + TH —> 31Co + in 

Other nuclear reactions involving p capture; p, d; «, p; d, p; «, n: d, aS y, m3 
and y, p; where p stands for proton, d for deuteron, n for neutron, are also pos- 
sible. 

6. Trans-uranic elements. Uranium has the highest atomic number of any 
naturally occurring element and was, for a long time, placed at the end of the 
periodic classification of elements. Trans-uranic elements have, however, now 
been prepared by nuclear reactions. 

a. Neptunium and plutonium. These elements were discovered by McMillan 
and Abelson, in 1940, by bombarding 738U with neutrons. The first result is the 
capture of a neutron forming a 733U isotope, 

733U + in —> 733U 
but this isotope is radioactive, losing 8-particles in two stages to form neptunium 
and plutonium, 

*32U —> *83Np + fe 738Np—> #2Pu + _%e 
b. Americium, curium, berkelium and californium. These four elements were all 
discovered by Seaborg and his co-workers, the first two in 1944 and the last two 
in 1949 and 1950, 
Americium was made from plutonium by neutron bombardment. Two neutrons 

were first captured and the unstable isotope produced then lost a 8-particle, 

*94Pu + 26n —> *44Pu—> $3Am + _fe 
Curium, berkelium and californium were made by bombarding plutonium 

americium and curium, respectively, with «-particles, 

*9aPu + 7He—> 82Cm + $n 41m + $He —» Bk + 2in 
*6Cm + {He —> Cf + an 
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c. Einsteinium and fermium. These elements were first isolated, in 1952, from the 
debris of a thermo-nuclear explosion. Their formation involved the capture 
of seventeen neutrons by a uranium atom, and the subsequent loss of seven or 
eight 6-particles, 

"BU + 17in—> HU "HU —> BE +78 HU —> i{Fm + 8_te 
Einsteinium and fermium can also be made by bombarding plutonium in an 

atomic pile with a high intensity of neutrons, but the process is slow. 

d. Mendelevium. This element was produced and identified, in 1955, by bom- 
barding einsteinium with «-particles, 

233E + {He —> i3{Mv + in 

e. Nobelium. This was first made in 1958 by bombarding curium with accelerated 
carbon ions, 

236Cm + %C —> {é2No + 4on 

f. Lawrencium. This was first identified in 1961 and is formed by bombarding 
californium with accelerated boron ions, 

*8Cf + 4B—> jiLw + 662 = aCf + *8B—> feiLw + Son 

7. Nuclear stability. An atomic nucleus is made up of a number of protons 

equal to its atomic number, plus a sufficient number of neutrons to give the 

necessary mass number. The protons and neutrons in a nucleus are called 

nucleons. 
Because the nucleus of an isotope must contain a whole number of 

protons and neutrons it was, for a while, thought that isotopic masses, i.e. 

the relative atomic masses of isotopes, might all be whole numbers. This 

revived a hypothesis first suggested by Prout, in 1815, in which he supposed 

that every atom was made up of hydrogen atoms. 

Careful measurement, by mass spectrographic methods, show, however, 

that relative isotopic masses, on the 17C scale, are not exactly whole 

numbers. Some illustrative figures are given below 

1H =1.007825 “He 4.00260 2C  12.00000 
7H 2.01409 7Li 7.01600 Cl 34.96885 

These figures show how much heavier one atom of a particular isotope 

is than 54th of an atom of ’C. The actual mass of a “C atom is readily 
obtained, for 12 gramme of the ’7C isotope contains 6.02252 x 10”? atoms. 

One atom of °C, therefore, has a mass of 12/6.02252 x 10% gramme, and 
jth of this is 1/6.02252 x 1075, i.e. 1.66043 x 10-% g or 1.66043 x 10-77 
kg. This mass is often referred to as an atomic mass unit, the actual mass of 

any one atom being equal to its relative isotopic mass multiplied by the 

value of the atomic mass unit. 
For an isotope, the nearest whole number to its relative isotopic mass is 

known as the mass number. The slight difference between the actual relative 

isotopic mass and the mass number, known as the mass defect, is due to the 
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fact that the masses of protons and neutrons in a nucleus are not strictly 

additive because some part of their mass is converted into energy. This 

energy is the binding energy which holds the nucleus together; the greater 

it is, the more stable will the nucleus be. 

For deuterium, with a simple nucleus of one proton and one neutron, the 

figures are as follows. The relative isotopic mass is 2.01409, giving an 

actual mass of 3.4426 x 10-77 kg. The mass of the nucleus will be 

3.34426 x 10-7’ less the mass of an electron (9.0191 x 10-3! kg), 
i.e. 3.34335 x 10-7’ kg. The deuterium nucleus consists of one proton, of 
mass 1.67252 x 10-7’ kg, and one neutron of mass 1.67482 x 10-2” kg, 
giving an additive mass of 3.34734 x 10-7’ kg. 

The mass converted into energy, for a deuterium nucleus, to be formed, 
must, therefore, be (3.34734 — 3.34335) x 10-77 kg, i.e. 0.00399 x 10-27 
kg. This is equivalent to a bonding energy of 3.583 x 10-* joule or 
2.238 MeV, as explained in section 8. 

In general, for a nucleus containing Z protons, and with a mass number 
of A, the number of neutrons will be (A — Z). If the mass of the proton is 
p, that of the neutron x, and that of the actual nucleus M, the mass con- 
verted into energy will be given by 

Zp +(A— Z)n— M 

and this can be converted into energy units as explained below. 

8. Note on units. When mass is converted into energy, the two are related 
by the equation (p. 3). 

E =< m 3A ¢ 
(in joules) (in kilogrammes) (c in metres per second) 

The value of c? is approximately 8.99 x 10%* so that 

1 kg of mass = 8.99 x 10" joule of energy 

One electron volt (1 eV), which is the energy acquired or lost by a 
particle of unit electronic charge on passing through a potential difference 
of 1 volt, is equal to 1.602 x 10-19 joule, so that 

1 kg of mass = (8.99 x 10'°)/(1.602 x 10-19) eV 
= 5.613 x 10 eV 

= 5.613 x 107? MeV 

The unit of atomic mass is 1.66043 x 10-27 kg so that 

1 atomic mass unit (amu) = 8.99 x 10! x 1.66043 x 10-27 J 
= 1.494 x 10-9 J 

= 9,328 x 10° eV 

= 932.8 MeV 
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The figures given here are only approximate to show the relationship 

between the various units. Where necessary, more accurate figures are 

used in the text. 

9. Packing fraction and binding energy. The binding energy, or nuclear 

stability, of a nucleus is conventionally represented, on a comparative 

scale, as a packing fraction, this being defined by 

Packing _ Isotopic mass — Mass number 
fraction Mass number 

Because the isotopic mass of C is the same as its mass number, the 

packing fraction of the C isotope is zero. The packing fractions of other 

80 
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Fic. 34. The general way in which packing fractions 
vary with mass number. See, also, Fig. 36, p. 145. 

isotopes give the gain or loss in mass per nucleon, as compared with the 

nuclear packing in 1*C. Because °C is, arbitrarily, given a packing fraction 

of zero, other isotopes may have positive or negative packing fractions. 

Using the figures given on page 141, the packing fraction for ‘He is 

given by 
4.00260 — 4 

Packing fraction for *He = gaps 6.5 x 1074 

whilst that for *°Cl is given by 

Packing fraction for *°Cl = Boe = = —8.9 x 10-4 

Plotting the packing fractions of isotopes against the corresponding mass 

numbers gives a curve of the general shape shown in Fig. 34. 

The lower the packing fraction, the greater is the binding energy per 

nucleon, so that the curve of binding energy per nucleon against mass 

number is of the same shape, but upside down (Fig. 35). 
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The general shape of the curves shows that the elements’ between 
chromium and zinc lie at the minimum of the packing fraction ¢urve and 
the maximum of the binding energy curve. They are, therefore, the most 
stable elements. If one of these elements could be converted into other 
elements with higher packing fractions a considerable amount of energy 
would be required. On the other hand, the heavier or lighter atoms could 
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Fic. 35. The general way in which binding energies per nucleon vary with mass 
number. On a larger scale, maxima and minima show up for isotopes with low 
mass numbers. 

undergo nuclear reactions, forming elements with mass numbers of about 
60, i.e. with smaller packing fractions, which would be accompanied by the 
evolution of energy. 

10. Nuclear structure. A more detailed plotting of packing fractions against mass number for the light isotopes shows (Fig. 36) successive minima for ‘He, Be, C, 160, 2°Ne and **Mg. The points occur as successive maxima on a large- scale binding energy curve. These isotopes all have nuclei which contain equal numbers of protons and neutrons, and they might all be regarded as made up of helium nuclei, containing 2 protons and 2 neutrons. The presence of ‘pre-formed’ helium nuclei («-particles) within the nucleus of every atom could account for the frequency with which «-particles are produced in radioactive changes. An a- particle might have some unusual stability as a nuclear component. The minima in the packing fraction curve at “He, "Be, *C, #°O, 2°Ne and *Mg, certainly Sane some regularity about the arrangement of protons and neutrons in atomic nuclei, 
It is also noticeable that the great majority of known nuclei, which are stable, have even numbers of protons and neutrons. Indeed, only four stable nuclei, 7H, SLi, ‘°B and **N, have odd numbers of both protons and neutrons. Furthermore, there is a fairly regular change in the number of neutrons in stable, non-radioactive nuclei as compared with the number of protons (Fig. 37). For light isotopes, the numbers of protons and neutrons are approximately equal, but, as the isotopic mass increases, the number of neutrons becomes gradually larger than the number of protons. 
A detailed consideration of the neutron/proton ratio in all known isotopic nuclei also reveals some suggestive, but unexplained, regularities, 
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Fic. 36. Packing fractions of isotopes with low mass 

numbers, showing various minima. See, also, Fig. 34, p. 143. 
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Fic. 37. Variation of number of neutrons with number of protons in stable, 

non-radioactive nuclei. All the known nuclei lie within the shaded area. The dotted 

line shows equal numbers of neutrons and protons. 
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Although the facts mentioned above would seem to have a direct bearing on the nature of nuclear structure the problems involved have not yet been solved. Two 
‘models’ of an atomic nucleus seem to be possible. In the first, it is suggested that there is, within a nucleus, an arrangement of nuclear energy levels in which nu- 
cleons might exist in much the same way as electrons exist in orbits of different 
energy levels outside the nucleus. In the second, a nucleus is likened to a drop of liquid. 
“Whatever the actual arrangement of nucleons in a nucleus may be, the forces between them are very great, but, again, the nature of these nuclear forces is not understood. They seem to be something different from gravitational or electromagnetic forces. The most hopeful theory of nuclear forces, first suggested by Yukawa in 1935, involves mesons (p. 147), but this theory fails to account for all the known facts. 

11. Subnuclear particles. The existence of particles other than protons, neutrons and electrons enters into any detailed discussion of nuclear Structure, and a wide variety of such particles have been predicted and/or discovered. The part they all play in nuclear affairs is not fully understood. 
Many of these discoveries have come about from a study of cosmic rays. These are rays, whose possible existence has been suspected for many years, emanating from outer space. Some sort of cosmic radiation was first suspected when it was found that gases in sealed vessels became very feebly ionised on standing. It was difficult to decide whether the effect was caused by y-rays from small traces of radioactive material in the earth, but, when the effect was shown to increase at higher and higher altitudes, by carrying out measurements in balloons, the exis- tence of cosmic rays slowly became accepted. 
Nowadays, cosmic rays, which consist largely of protons and atomic nuclei of other light elements, all with very high energy, are investigated by their effects on a Wilson cloud chamber (p. 136) operated in a magnetic field, or on very fine photographic emulsions containing more silver bromide than a normal plate. The tracks made by the rays on these special plates can be developed, and this photographic method, established mainly by Powell, is Particularly suitable for the high-altitude work that has to be carried out in balloons. In an extension of the method, a stack of stripped photographic emulsions is used so that tracks penetrating both into and along the emulsions can be studied. After exposure, the strips of emulsion are developed separately on glass plates. Many of the newly discovered Particles, which originate when cosmic rays collide with atoms and other particles, have been detected either by the cloud chamber or the photographic emulsion method. 

a. The positron. Anderson, in 1932, detected a particle which had the same mass as an electron and a positive charge of the same magnitude as that on an electron. This particle, detected in a cloud chamber operated in a magnetic field, was thought 2 originate when cosmic Tays struck matter. The particle is represented as {e or e+. 
The same particle was also detected by M. and Mme Curie-Joliot, in 1933, when they found that the artificially radioactive isotope, ?8P, which they had prepared (p. 136), rapidly changed into silicon-30 with the emission of a positron, 

isP —> HSi + fe 
Free positrons are thought to be stable, like free electrons, but, in the presence of any matter, a positron rapidly combines with an electron to give y-radiation. The process is known as pair-annihilation, Conversely, y-rays passed into a cloud 
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chamber in a magnetic field, can be shown to give positrons and electrons, a 
process known as pair-production. 

b. Mesons. There are a variety of particles, some negatively charged, some 
positively charged, and some neutral, with masses between those of an electron 
and a proton. They are known, collectively, as mesons. 

The u-meson, or muon, with a negative or positive charge, was the first to be 
detected, in 1937, by Anderson and Neddemeyer. The particle was detected in 
cosmic ray tracks in a cloud chamber operating in a magnetic field at an altitude 
of 4000 m. It has a mass 207 times that of an electron, and is very unstable, dis- 
integrating to give electrons or positrons, according to its charge, together, 

probably, with neutrinos and antineutrinos, 

Negative muon (u~) —> Electron + Neutrino (v) + Antineutrino (v~) 

Positive muon (u*) ——» Positron + Neutrino (v) + Antineutrino (v~) 

The discovery of muons was followed by Powell’s discovery, in 1947, by 
photographic emulsion methods, of the x-meson, or pion (x). This particle has 
a mass 273 times that of an electron and may be negatively or positively charged, 
or neutral. Pions were later (1948) obtained when high energy protons collided 
with atomic nuclei. Pions are unstable and rapidly disintegrate into muons and 

neutrinos. 
mt —>ptt+y 
™ —>yu t+y 

The x-meson is the particle theoretically predicted by Yukawa in his theory of 

nuclear forces (p. 146). 
Other mesons, all about 1000 times heavier than an electron are also known; 

they are called K-mesons. 

c. Hyperons. These are particles similar to mesons but with masses greater than 

that of a proton. 

d. Anti-proton. The detection of the positively charged electron (a positron) 

came a long time after the discovery of the electron. Similarly, the detection of a 

negatively charged proton, an anti-proton, did not come until 1955, when it was 

detected in the bombardment of copper by very high-speed protons. 

e. Neutrino and anti-neutrino. The existence of these particles was first predicted 

to account for an apparent loss of energy when atoms lose 8-particles. They have 

also been found in other radioactive changes and detected in the radiation from 

nuclear reactors. They have no charge and a mass smaller, even, than that of an 

electron. 

(Questions on this Chapter will be found on p. 156.) 
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Nuclear energy 

1. Energy changes in nuclear reactions. The relationship between mass and 
energy given by Einstein’s equation (p. 3), 

E = m x C 
(in joules) (in kilogrammes) (c inms~’) 

can be verified, experimentally, by measuring the energy changes in 
nuclear reactions. This can be done because the energy changes in these 
reactions are so very much greater than those in ordinary chemical 
reactions. 

The Einstein equation shows that 1 kg is equal to 8.99 x 10% joule of 
energy, and the relationships between other units used is discussed on 
page 142. 

In the bombardment of lithium by high-speed protons (p. 135) the range 
of the «-particles produced, as shown in the Wilson cloud chamber, is such 
that their energy must be 8.6 MeV, and, as two «-particles are formed, 

iH + 3Li—» 2 4He 
the energy liberated in the reaction must be 2 x 8.6, i.e. 17.2 MeV. This 
is equivalent to 3.0643 x 10-79 kg (p. 142). 

The atomic masses participating in the reaction are 

if «6+)6 «Lis —> = 2 $e 
1.007825 7.01600 2 X 4.00260 

giving a decrease in mass of 3.0876 x 10-29 kg. 
It will be seen that the decrease in mass expected from the amount of 

energy liberated is in good agreement with the actual decrease in mass. 
The agreement between decrease in mass and energy released in nuclear 
reactions is, in fact, so close that measurement of energy release can be 
used for finding mass values. 

2. Nuclear fission. Before 1939 all nuclear reactions had consisted solely in 
the removal from a nucleus of a relatively small particle such as an a- 
particle, a proton or a neutron. In 1939, however, Hahn and Strassman 
realised that isotopes of medium mass number were obtained when uranium was irradiated with neutrons, and that this must represent a splitting of an atom into two, more or less similar, halves. 

Fermi had been studying the irradiation of uranium with neutrons since 1934, but the various products found had been regarded as trans-uranic elements. Work in 1939 proved, however, that the fission products fell into two groups. Some were of mass numbers 85-100, others of mass numbers 128-150. Hahn and Strassman identified, originally, *°Ba, but many other products are now known. Similar fission of thorium was also discovered about the same time. 

To determine which isotope of uranium was undergoing fission, Nier separated >U and 28U (p. 130), whereupon it was found that 7°5U generally splits when 
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bombarded by slow (thermal) or fast neutrons, whereas ***U tends to absorb 
slow neutrons, with subsequent formation of neptunium and plutonium, and is 
only split by fast neutrons with high energy. 

The main processes taking place can be summarised as follows: 

a. Fission of 5U by slow or fast neutrons, 

735U + $n —> *$6Ba + 38Kr + 26n 
b. Capture of slow neutrons by **°U, 

238U + bn —> 733U + y-rays 
The 733U then disintegrates by 6-emission, 

739U —> *388Np + Se  78&Np—> 732Pu + _%e 
c. Fission of ?2°U by fast neutrons, which is relatively rare, 

238L) + tn —> 143Xe + 36Sr + 2in 

In the fission of 735U by slow neutrons, the mass change, summarised 

below, 
330 + in — 'HBa + 3Kr + 26n 

235.0439 1.0087 143.881 89.947 2.0174 
Sd es 

236.0526 235.8454 

is 0.2072. This represents a release of about 200 MeV of energy for every 

one atom of 235U which undergoes fission. For the complete fission of all 

the atoms in 1 kg of 735U the release of energy would be about 20 million 

kilowatt hours, which is equal to the energy obtainable from about 

3 x 10° kg of coal. Such a complete release of all the energy available from 

2351) is not, of course, practicable. At the moment, the energy which can be 

obtained directly from 1 kg of natural uranium is equal to that available 

from about 20000 kg of coal. But there are possible ways of obtaining more 

energy from natural uranium by indirect methods (p. 153), and it should 

be possible, before very long, to get energy equivalent to 1 x 10° kg of 

coal from 1 kg of natural uranium. 

3, Nuclear chain reactions. When **°U nuclei are split by neutrons, two or 

three other neutrons are released as a result of the fission process, and this 

enables the setting up of a chain reaction, which may be represented 

diagrammatically as follows: 

U U U C—O 
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Eis the amount of energy released per fission, but the total energy available 

from the chain reaction is enormous if the chain can be built up quickly and 
fully. 

There are, in practice, two ways of making use of this chain reaction to 

produce energy. In an atomic bomb, the chain is uncontrolled and the 

enormous release of energy causes a vast explosion; in an atomic pile, 
the chain is controlled, and atomic energy is released for peaceful pur- 
poses. 

4. Atomic bomb. If a piece of #5U is bombarded by a stream of neutrons, at 
least one neutron will cause the fission of at least one 735U nucleus. The 
release of energy for this single fission will be quite small, but, if three other 
neutrons (known as secondary neutrons) are also produced they will be 

(a) @)) 

Fic. 38. Critical size. In (a), the secondary neutrons escape without causing 
fission. In (6), the secondary neutrons cause fission and a chain reaction can be 
set up. 

able to participate, under the right conditions, in further nuclear fissions, 
and so on. 

This will only occur if the piece of *°5U is large enough. If it is too small 
the secondary neutrons will escape from the 2%U without causing any 
further fission (Fig. 38). The chain will be broken. A small piece of 75U 
will not, therefore, cause an explosion, and is safe, but a larger piece, from 
which the secondary neutrons cannot escape, will explode. There is, there- 
fore, a critical size below which *5U is safe but above which it is not 
safe, 

In an atom bomb an explosion is obtained, at the right moment, by 
bringing together two pieces of ?°5U each below the critical size to form 
one piece above the critical size. 

The **U used must be almost pure, for any 3°U or any other impurities, 
would upset the rapid build-up of the chain reaction by capturing neutrons 
and preventing them from causing fission. 

Atomic bombs can also be made from plutonium. Like *5U, the 
°Pu isotope of plutonium undergoes fission when bombarded by slow 
neutrons. 
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Fic. 39. Diagram of Calder Hall type of reactor. At Calder Hall the moderator 
structure is 12 metre across and 9 metre high. It is made of 58000 separate 
pieces of graphite. There are 1700 vertical channels for the uranium rods. Each 
vertical rod of uranium is made up from six fuel elements, which are rods of 

uranium about 25 mm in diameter and 1 metre long in metal containers with 

spiral fins to facilitate heat transfer. Over 10000 fuel elements can be loaded into 

the reactor through charge tubes, and removed, when necessary, through the 

same tubes. 

5, Atomic piles or nuclear reactors. The number of neutrons resulting from 

a single fission is known as the multiplication factor. When this is less than 1 

a chain reaction is impossible; when greater than 1 a chain reaction might 

take place. In an atomic pile, or a nuclear reactor, fissionable material is so 

arranged that the multiplication factor can be carefully controlled. 

These piles, or reactors, liberate energy, and also provide beams of slow 

or fast neutrons for research and industrial purposes, such as the manu- 

facture of radioactive isotopes. 

a. The Calder Hall, Magnox or Mark I reactor. In the commonest type of 

reactor, first operated commercially at Calder Hall in 1956, rods of natural 

uranium containing both 755U and 73°U atoms are used as fuel. They are 

placed in magnesium alloy (Magnox) cans within a block of very pure 
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graphite, which acts as a moderator. This moderator is necessary to slow 

down the secondary neutrons resulting from fission of °U atoms, and 

thus to ensure that as many secondary neutrons as possible cause fission 

of further **°U atoms and escape capture by the more plentiful 48U atoms. 
The overall amount of uranium present must be greater than the critical 

size or else a chain reaction will never develop, but control is gained by 
incorporating control rods of some material, such as boron-steel or 
cadmium, which is a good neutron absorber, These rods can be moved up, 
out of the pile, or down into it. When they are partially withdrawn the 
multiplication factor exceeds 1, and the pile operates. The power produced 
can be changed by adjusting the position of the rods. Safety is achieved by 
having an automatic device which ensures that all the control rods move 
into the pile in any emergency. 

The energy liberated as the pile operates is in the form of heat, and a 
stream of carbon dioxide, under pressure, is passed through to remove the 
heat, the resulting hot gas being used to boil water, the steam from which 
can operate a steam turbine. The pile must be surrounded by concrete 
walls, several metres thick, to keep the amount of escaping radiation within 
safe limits. The concrete is referred to as a biological shield. 

Besides liberating energy, the atomic pile also produces plutonium, as 
some of the secondary neutrons are captured by 2°U atoms, 

*32U + on —> 732U —> 733Pu + 2 _%e 
This plutonium can be separated from the uranium by chemical means. It 
is required for defence purposes, in making bombs, and can also be used in 
fast reactors as described in d. below. 

Since the original Calder Hall reactors were constructed, ten other — 
power stations using improved Magnox designs have been built at Chapel- 
cross, Berkeley, Bradwell, Hunterston, Trawsfyndd, Hinkley Point, Dunge- 
ness, Sizewell, Oldbury and Wylfa. They provide plutonium and more than 
5000 megawatts of electricity. ; 

The advantage of the Magnox design is that it uses natural uranium as 
the fuel. It is, however, big, partially because of the necessity for a graphite 
moderator. Moreover, the efficiency of the reactor is not very high. This is 
partly because the fission products which build up lower the efficiency, and 
this means that the fuel elements have to be replaced periodically. This is a 
lengthy process and can only be carried out when the reactor is fully shut 
down, 

b. Advanced gas-cooled reactor (AGR or Mark IT). The next stage in the 
development of Magnox reactors into more economic units is represented 
by the advanced gas-cooled reactor (AGR). Such a reactor has been in 
operation, at Windscale, since 1962. It has a graphite moderator and a 
carbon dioxide coolant, but the fuel elements consist of uranium oxide 
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enriched with *5U. The reactor operates at a higher temperature than the 

Magnox type, and the fuel life is longer. 

AGER stations are at present being built at Dungeness, Hinkley Point, 

Hunterston and Hartlepool and these are planned to provide 5000 mega- 

watts of electricity by 1974. Further stations at Heysham and Connah’s 

Quay are under consideration. 

c. Steam generating heavy water reactor (SGHWR). In this type of reactor, 

uranium oxide pellets are placed in zirconium-alloy cans which are 

surrounded by heavy water as a moderator. Ordinary water is used as the 

coolant and some of it boils in the cooling process. The resulting steam is 

used to drive a turbine. 

The first SGHWR was opened at Winfrith in 1969. 

d. Fast reactors. Magnox, advanced gas-cooled and SGHWR reactors are 

called thermal reactors because they use a moderator to slow down the 

neutrons. The slow neutrons are necessary to cause fission of further *5U 

atoms, but some plutonium is also formed by neutron capture by **U 

atoms. . 
The plutonium formed can itself be fissioned but only by fast neutrons. 

If plutonium is used as the fuel in a reactor, then, it is not necessary to use 

a moderator and the resulting reactor can be much smaller in size. 

The first fast reactor was built at Dounreay and has been in operation 

since 1959. A central core of plutonium, from which the energy is liberated 

by fission, is surrounded by 8U, This uranium captures any neutrons that 
escape from the central core, and is converted into plutonium. It can be 

arranged, by careful design, that a rather larger number of plutonium 

atoms are formed in the surrounding uranium than are used up in the 

central core. This type of reactor, then, produces more ‘fuel’ than it 

actually uses. It is known as a fast or fast fission breeder reactor, because it 

relies on fast neutrons and because it ‘breeds’ plutonium from uranium- 

238. 
The central core of plutonium produces energy more rapidly than a 

uranium-type pile, and the heat produced is removed by circulating a 

liquid metal, such as an alloy of sodium and potassium, or molten sodium. 

As with uranium piles, biological shielding is necessary, and there is also 

a large metal sphere surrounding the whole to prevent escape of radioactive 

material in case of fire. 

A second fast reactor is being built at Dounreay and is designed to 

produce 250 megawatts of electricity when at full power. 

6. Nuclear fusion. When a uranium atom is split into two or more atoms of 

medium relative atomic mass, there is a decrease in mass and a corres- 

ponding release of energy. The packing fraction curve (p. 143) shows 
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that there would be a similar result if two light nuclei could be combined 

together to give a heavier one. 

Combination, or fusion, of two nuclei is not, however, at all easy. They 

are both positively charged and repel each other. At high temperatures, 

however, nuclei may have sufficient energy to enable them to overcome the 

repulsive forces and to unite. 

a. Stellar energy. Von Weizsacker and Bethe proposed, in 1938, that the 

vast amount of energy emitted by the sun and by stars might originate 

from a process involving nuclear fusion. 

The modern view is that there are two cycles, one producing the energy 

in very hot stars, and the other taking place in cooler stars, such as the 

sun. 

In very hot stars, the cycle of changes thought to take place is as follows: 

YC + {H—> 4N+y 
4GN —> *8C + fe 

%C + 1H—> 4N+y 
aN shige — Oy 

430 —> 4N + fe 
4N + iH —> %C + ?He 

The overall result is that four protons combine to give one helium nucleus, 

with the emission of y-rays and two positrons (p. 146). 

4 tH —> $He + 2% + y 

”C appears to act in the nature of a catalyst. The energy liberated by such 
a cycle of changes is in agreement with the energy liberated by hot stars, 
and each stage of the cycle can be simulated in the laboratory. 

In cooler stars, such as the sun, the cycle of changes is thought to be, 

4;H—>2iH +2 ie 
21H + 27H —>2 3He + y 

2 3He —> $He + 21H 

the overall result being the same as for the first cycle of changes, though 
with a smaller liberation of energy. 

b. The hydrogen bomb. The temperature attained when 7°5U or plutonium 
atoms undergo fission in an explosive chain reaction are high enough 
to initiate fusion, or thermonuclear, reactions involving hydrogen isotopes, 
and such reactions have been brought about in hydrogen bombs. In effect, 
a *°U or plutonium fission explosion acts as a detonator for a fusion 
reaction. 

The precise nature of the fusion reactions used in practice is a military 
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secret, but various reactions, involving {H, 2H (D), or 3H (T) (p. 129), all 

capable of liberating a lot of energy, are possible. For example: 

2H + 1H —> 3He + 5 MeV 

2H + 7H —> 3He + gn + 3.3 MeV 
2HT + 3H —> jHe + $n + 17.6 MeV 

3H + 1H —> He + 20 MeV 

3H + 3H —> {He + 2 §n + 11 MeV eQawoasa 

Mixtures containing tritium, 7H, are the easiest to explode but suffer from 

the disadvantage that tritium, which has to be manufactured by neutron 

bombardment of lithium-6, 

SLi + in —> 3He + iH 

is not stable. Deuterium is, therefore, probably the main component of a 

hydrogen bomb. If reaction b could be made to take place completely, 

1 kg of deuterium would provide as much energy as 2865000 kg of coal. 

The advantage, if that be the right word, of a hydrogen bomb is that 

unlimited amounts of hydrogen isotope mixtures can be detonated as the 

size of a single bomb is not limited by critical-size restrictions as it is ina 

uranium bomb. Bombs much more powerful than uranium bombs have, 

in fact, been exploded. 

c. Controlled thermonuclear fusions. Efforts to control a useful thermonuclear 

fusion reaction have not yet been successful. If they ever are, a new source of 

energy will become available. 

Bombardment of heavy water with accelerated deuterons does lead to the 

reaction, 

2H + 7H —> 3He + on + 3.3 MeV 

for neutrons are emitted, but very few fusions take place, and more energy has to 

be put into the accelerated deuterons than is obtained from the reaction. 

For successful fusion reactions, which would liberate more energy than is 

needed to initiate them, it seems likely that temperatures of the order of 10°K 

will have to be achieved, and no constructional material will withstand such 

temperatures. The problem may not, however, be insoluble, and several hopeful 

lines are being investigated. 

In one approach a current is passed through a gas in a tube, squeezing the gas 

into a narrow column along the axis of the tube. This happens because magnetic 

forces pinch the gas into the centre. An additional magnetic field along the axis 

of the tube, provided by an external electromagnet, 
also helps to keep the gas on 

the axis of the tube, and away from the walls. It is hoped, in this way, to be able to 

heat deuterium gas, out of contact with any material which might melt,
 by passing 

very high currents through it. None of the experiments have yet been fully success-
 

ful, but if they can be developed, or some alternative method of heating devised, 

deuterium, which is relatively cheap and relatively abundant, may be the fuel of 

the future. 
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QUESTIONS ON CHAPTERS 13 AND 14 

1. Write full equations for the nuclear reactions summarised as follows: 
(a) tiNa (a, p) 73Mg, (6) ?C (d, n) *N, (c) Mg (n, a) Ne, (d) 2$Mg (p, n) 3 

2. What does X stand for in the following equations: 

i “N+ #He—> 4470+ X. 
ii {H+ 3Li—> 2x. 

iii 2?7D—> }He + X. 
iv. §Be + $He—>X. 

3. Write down, in words, the changes represented by the following: 

isi —> BAl + B+ 
55Mn (n, y) **Mn. 
#He + {Be —> 12C + in. 

iH ot -— 7 FY, 
*2U + jn—> 2n + y + "SNd + 3Ge. 

4. What does Y stand for in the following: (a) 3Li (p, n) Y, (6) $3Ca (a, p) Y, 
(c) 3Li (Y, n) 7Be, (d) Co (Y, «) $Mn? 

5. Mass spectrographic investigation of natural cadmium shows the presence 
of isotopes of mass 110, 111, 112, 113, 114 and 116. After the same sample of 
natural cadmium has been exposed to a beam of slow neutrons for some time, 
43Cd was found to be almost absent. Account for this observation. 

6. What conclusions can be drawn about the values of the neutron/proton 
ratio for stable isotopes? 

7. Helmholtz said, in 1881, that ‘the very mightiest among the chemical forces 
are of electric origin’. Comment on this statement. 

8. What energy, in electron-volts, corresponds to radiation of wavelength 
(i) 1 um and (ii) 200 nm? What wavelength, in nanometres, corresponds to an 
energy of 2.48 eV? 

9. Explain what is meant by the following relationships: (a) 1 cm=! = 11.97 
J mol~* = 1.23958 x 10-* eV atom-}, (6) 1 eV = 99.16 kJ mol-!. 

10. **Mn is one of the stablest nuclei. If its physical relative atomic mass on the 
%C scale is 54.956, determine its binding energy. Take the relative masses of the 
proton and neutron as 1.0076 and 1.009 respectively. 

11. Calculate the binding energy of °C, taking the masses of the proton, 
the neutron and “C as 1.0078, 1.0089 and 12.0000 respectively. 

12, The radius of the nucleus of an atom is given, approximately, by the 
relationship, 

e298 

= Fo At 

where r is the radius in cm, rp equal 1.5 x 10-3 cm, and A is the mass number 
of the nucleus. Calculate the approximate radius of (i) a neutron, and (ii) a 
proton. Calculate also the approximate radius of a “Cu nucleus. What will be 
the approximate density of the nucleus in g cm~*, assuming it to be spherical and 
uniformly packed ? 

13, An atomic nucleus has been likened to a drop of incompressible liquid. Discuss this liquid-drop model. 
14. Compare the repulsive force between two protons separated by 10-?° m, as in a hydrogen molecule, with that when the distance of separation is only 10-** m, as in an atomic nucleus. Comment on the significance of your answer. 
15. Deuterium nuclei of atomic mass 2.014 can be split up into protons of mass 1.0076 and neutrons by y-radiation of energy 2.26-MeY. Calculate the mass of the neutron from this data in atomic mass units. 



Nuclear energy 157 

16. The proton bombardment of the isotope "B yields three alpha particles for 
each proton and each “B atom. Each alpha particle has energy of 2.85 MeV. 
If the atomic mass of the alpha particle is 4.0034 and that of the proton is 1.0081 
calculate the atomic mass of “B. 

17. The relative atomic mass of helium is 4.0039 and that of deuterium is 
2.0147. If it was possible to make 1 mole of helium by fusing 2 mol of deuterium 
together, how many joules would be released ? 

18. 5C can be converted into nitrogen by capture of a proton. If the atomic 
masses are 13.0075, 1.0081 and 14.0075, respectively, what is the heat of the 
reaction? 

19. If a *5U atom fissions, after absorption of a neutron, according to the 
equation, 

733U + in —> '$La + $Br + 3)n 
and if the relative isotopic masses concerned are U = 235.124, n = 1.009, 
La = 147.961, and Br = 84.938, calculate the energy given out from one 
fissioned atom in MeV. 



Chapter 15 

The chemical bond 

THE precise nature of the chemical bond is one of the most fundamental 
problems in chemistry, for it is the formation of bonds between atoms 

which leads to compound formation, and, in a chemical reaction, bonds 

are first broken and then reformed. The more information that can be 

gleaned about bonds between atoms the more fully will chemical pro- 

perties be understood. The electrovalent bond, the covalent bond and the 

dative bond are considered in this chapter and, in more detail, in the three 

following ones. Metallic bonding, hydrogen bonding and van der Waals’ 

bonding are dealt with in Chapter 19. 

1. The electrovalent or ionic bond. The first detailed mode of forming a 
chemical bond was suggested, by Kossel, in 1916. He regarded the arrange- 
ments of electrons in the noble gas atoms (p. 116) as being particularly stable 
arrangements which accounted for the inability of the noble gases to enter 
into chemical combination. 

His suggestion was that elements placed just before a noble gas in the 
periodic table might attain a noble gas structure by gaining electrons and 
forming negatively charged ions, whilst elements placed just after a noble 
gas might attain a noble gas structure by losing electrons and forming 
positively charged ions. 

Thus, chlorine, with a structure, 2.8.7, could become a chloride ion, 
Cl~, with a structure, 2.8.8 (argon structure), by gaining an electron. 
Sodium, 2.8.1, could form a Nat ion, with a structure 2.8 (neon structure), 
by losing an electron. 

Both the chloride and sodium ions would have stable structures, and, by 
combining, would form sodium chloride. For two ions, sometimes known 
as an ion-pair, the state of affairs could be represented, showing only the 
outermost, or valency, electrons as 

xx xx 7 

Nae + xClX —»> _ [Na]* - Cl ? 
xx xx 

Other similar examples are provided by calcium bromide and potassium 
sulphide, 

xx GD 

i Br | [K]+ . 
xx xx 2- 

[Ca]?+ i S | 
xx is xx 

[: Br " (K]* 
xx 

Calcium bromide, Potassium sulphide, 
CaBr, K,S 

Such bonding between ions is due to electrostatic attraction between 
oppositely charged ions. The resulting bonds are known as electrovalent 

iM 
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or ionic bonds, and compounds containing such bonds are known as 

electrovalent or ionic compounds. 

When, as in practice, many ions are involved, they are held together, by 

electrostatic forces, within a crystal, and crystals which are made up of 

ions are known as ionic crystals (p. 168). The arrangement of ions within 

such.crystals, i.e. the crystal structure, is mainly determined by the charges 
and_sizes.of the ions. Typical structures are shown on pp. 170-2. 

Many compounds can be satisfactorily formulated with ionic bonds, and 

they have certain characteristic properties, summarised as follows: 

i Individual molecules of ionic compounds do not exist because the 

compounds are made up of an interlocking structure of ions. The 

formula of an ionic compound simply shows the relative numbers of 

each ion. 
i Ionic compounds are invariably electrolytes, for, in the presence of an 

ionising solvent, such as water, the forces between the ions are so greatly 

reduced that the ions ‘fall apart’, and the free ions, in the resulting 

solution, are able to move under the influence of an electrical field as in 

electrolysis. 

Ionic compounds are often hard solids because the inter-ionic forces 

within an ionic crystal are usually strong. 

iv Ionic compounds generally have high melting points because a lot of 

thermal energy is required to break down the inter-ionic forces and 

form a liquid. Once an ionic compound has been melted, the melt can 

undergo electrolysis because it contains free ions. A high melting 

point is associated, too, with a high boiling point for ionic compounds. 

v Ionic compounds are commonly soluble in water, or other ionising 

solvents, and insoluble in benzene or other organic solvents. 

eo = 

=e ii 

The commonest and most stable ionic compounds are formed between 

elements preceding, and elements following, a noble gas in the periodic 

table. Elements preceding a noble gas form negatively charged ions 

(anions) by gaining electrons; such elements are said to be electronegative. 

Elements following a noble gas, and readily losing electrons to form 

positively charged ions, are said to be electropositive. 

Further details of ionic compounds are given in Chapter 16. 

2. The covalent bond. There are many substances which cannot be formu- 

lated with ionic bonds, either because they are non-electrolytes, e.g. 

tetrachloro-methane, or because the atoms bonded together are the same, 

so that neither would be expected to transfer an electron to the other, e.g. 

chlorine, Cl. 

To account for the formation of such molecules, Lewis, in 1916, sug- 

gested that atoms might gain noble gas structures, not by complete trans- 

ference of electrons, as in ionic bonding, but by sharing electrons. 
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On this idea the chlorine and hydrogen molecules are represented as 

¥ Cl =< Cis and H*H 
xx ee 

one electron from each atom being held in common by both. The shared 

pair of electrons constitutes what is known as a covalent bond. 

In tetrachloromethane (carbon tetrachloride) and methane the molecules 

are represented as 

2Cls : H 

eae H:CsH 
:Cl: H 

Tetrachloromethane Methane 

and the double and triple bonds of organic compounds, as exemplified by 
ethene (ethylene) and ethyne (acetylene), are written as 

H oT x wie te Oe ° 
ap, Bee Spt HC] CoH 

Hee ry 6 
Ethene Ethyne 

A shared pair of electrons represents one valency bond, and it is con- 
venient to denote such a single covalent bond by a single line. Ammonia 
and hydrogen chloride, for example, are written as 

H—N—H ate xx | Orr ee H—Cl or H:Cix 
H H xx 

The molecules of oxygen and nitrogen, with double and triple bonds, are 
x x 

Drie xX KYO vO x Oo xNoNo 
6 

O=—O N= 

i i i ition i i ch other and the fone ; fisti ic] 

The atoms in a water molecule, for example, are arranged as shown, 

H 

oe a xO. or Oo ce 31 
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with a bond angle of 104° 31’. Similarly, when carbon forms four single 

covalent bonds the bonds are arranged tetrahedrally. The molecule of 

methane, therefore, although commonly represented, for convenience, as 

flat, is really three-dimensional with the four hydrogen atoms at the 

corners, and the carbon atom at the centre, of the tetrahedron. The fact 

that many molecules are three-dimensional must not be forgotten. They 

are often portrayed as flat simply because it is so much more difficult to 

show their spatial arrangement on paper. 

a. Molecular crystals. When a substance is made up of a large number of 

individual, covalent molecules, the solid form of the substance is either. 

amorphous or exists in crystal structures known as molecular crystals. The 

atoms within each separate molecule are united by covalent bonds, but the 
igen hel ; ‘thin tt Lt i ibs 

forces. It is the weakness of these forces that explains why such substances 

commonly exist as gases or liquids at room temperature. If they are solid, 

they are generally soft. 

Such substances have certain general properties, listed below, which are 

opposite to those of ionic compounds. 

i The substances are made up of individual covalent molecules, with 
weak inter-molecular forces. 

ii The substances are non-electrolytes. Electrolysis involves ions, and 

covalent compounds do not contain ions. Most organic compounds are 

non-electrolytes, and the covalent bond is of great significance in a 

study of organic chemistry. The ways in which carbon can form single, 

double and triple covalent bonds is particularly important, some typical 

examples being given below: 

H FA eau FL 
H oH od ox » 8 x . C 3 N . 

HECSC, er H=CoN6§ 
H ve O A H 4 H H 

Oo 
A 

4 

Ethanal Ethanonitrile Methylamine 

(Acetaldehyde) (Methylcyanide) 

iii The substances are gases, liquids or soft solids at room temperature, 
because of the weak inter-molecular forces. 

iv The substances have low melting and boiling points because little 

energy is needed to break down the weak inter-molecular forces. 
v The substances are commonly soluble in organic solvents, but insoluble 

in water or other ionising solvents. Covalent substances may, however, 

appear to be soluble in water because they react with it. 

A comparison of the properties of sodium chloride and tetrachloro- 
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methane shows, in a rather exaggerated way, the typical differences between 

an electrovalent compound forming ionic crystals and a covalent com- 

pound forming molecular crystals. 

Sodium chloride Tetrachloromethane 

i | Composed of Nat and Cl- ions | Composed of individual CCl mole- 
in an ionic crystal cules with weak intermolecular 

forces. Forms a molecular crystal 
when solid 

ii | Electrolyte Non-electrolyte 

Liquid at room temperature. Soft, 
when solid 

iii | Hard solid at room temperature 

iv | m.p. = 803°C 
b.p. = 1430°C 

m.p. = —28°C 
bps= 77C 

v |Soluble in water. Insoluble in| Soluble in benzene. Insoluble in 
benzene water 

b. Atomic crystals. In substances which form molecular crystals, covalent 

bonds hold atoms together in discrete molecules. Covalent bonds can, 

however, hold atoms together in inter-locking structures known as atomic 

crystals. 

Diamond, with carbon atoms linked to each other, and silica, with 
alternating silicon and oxygen atoms, are simple examples. The crystal 
structure of diamond is shown on p. 183. 
No single molecules of such substances exist; they are sometimes said to 

be made up of giant molecules. Moreover, the covalent bonds holding the 
whole crystal together are strong so that such substances are hard solids, 
and have high melting and boiling points. Like all covalent substances, they 
are non-electrolytes. 

3. The dative bond. The shared pair of electrons of a covalent bond may 
also be formed by one of the two bonded atoms providing both electrons. 
If so the bond is sometimes called a dative bond, but as it is just like 
a covalent bond, once formed, the two are not always distinguished. 

The atom providing the two electrons to make up the dative bond is 
known as the donor. It must, of course, have an ‘unused’ pair of electrons 
available, and such a pair is referred to as a Jone pair. The atom sharing the 
pair of electrons from the donor is known as the acceptor. 
When it is not necessary to distinguish between a dative bond and a 

covalent bond the — symbol is used for both. Two other symbolisms 
to represent a dative bond are, however, in use and have certain points in 
their favour. The first shows a dative bond between atoms A and B as 
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A—-> B, A being the donor and B the acceptor. This indicates, in a 

convenient way, the origin of the electrons making up the bond. 

The second shows an A —> B bond as A®—B®. This method indicates 

the electrical charges which develop on atoms A and Bas a result of dative 

bond formation. A, the donor, develops a positive charge by partly trans- 

ferring two electrons to B; B, the acceptor, develops a corresponding 

negative charge. On this basis, the-dative bond can be regarded as a co- 
leet bond sant : ae it} ‘ 

irs. Other 

terms which have been used are co-ordinate bond, semi-polar bond or 

semi-polar double bond. The use of dative is preferred because it was the 

term finally used by Sidgwick, who first suggested the formation of this 

type of bond. 

The following structural formulae show the various ways in which dative 

bonds can occur in typical compounds. 

a. Nitromethane, CH3.NO2, 

A 

H 00 if ‘ 
ex Oo 4 

H*CsNs oc. Be = 
H ROK 

aad H 

b. Ethanoisonitrile (Methyl isocyanide), CH3.NC, 

Pee 7 

By CaN eG or HENS 

e H 

c. The ammonium ion, NH,4*, d. Aluminium chloride, AlzCls, 

H + CN. JOA. Jal 

ex Ys K Ja, 

HxNxH Cl Cl Cl 

H 

(Questions on the contents of this Chapter will be found on pp. 205-7.) 



Chapter 16 

The electrovalent or ionic bond 

1. Stable ionic structures. So far as simple, negatively charged ions (anions) 

are concerned the only known ions have noble gas structures, the common- 
est simple anions being, 

O*- 2:8 Pees Br-  2.8.18.8 
S’*- 2.8.8 Ch 28.5 I-_2.8.18.18.8 

Many simple cations e.g. Lit, Na*, K+, Rb+, Cs*+, Mg?t, Ca?+, Sr?+, 
Ba?* and Al**, also have noble gas structures. 

Cations which do not have noble gas structures are, however, also fairly 
common. Many metals in the B sub-groups of the periodic table can form 
ions. Zinc, 2.8.18.2, for example, forms a zinc ion, Zn?*+, with a structure 
2.8.18, and copper, 2.8.18.1, forms the copper(1) ion, Cu*, with the same 
2.8.18 structure. The stability of an ion with such a structure is not, 
generally, so great as that of an ion with a noble gas structure, and this 
explains the greater ease of formation of, for instance, a calcium ion, 
Ca’* as compared with a zinc ion, Zn?*. 

Moreover, an arrangement of 18 electrons in the outermost orbit of an 
ion is not very stable in elements in which the group of 18 electrons has 
only just filled up. One or more of the 18 electrons can be lost quite easily 
to form an ion with a greater charge. Copper, silver and gold, for instance, 
form ions as below: 

Cu 2.8.18.1 Ag 2.8.18.18.1 Au 2.8.18.32.18.1 
Cut 2.8.18 Ag* 2.8.18.18 Aut = 2.8.18.32.18 
Cu*+ 2.8.17 Ag?+ 2.8.18.17 Au*+ 2.8.18.32.16 

the stabler ion in each case being underlined. 
In ions formed from transitional elements, ‘any number of electrons, 

from 9 to 17, can occur in the outermost orbit, and the small differences in 
stability between two or more alternative structures explains why transi- 
tional elements often have variable valency and form two or more ions. 
For example, iron, 2.8.14.2, forms both iron(a) ions, 2.8.14, and iron(m) 
ions, 2.8.13, and cobalt, 2.8.15.2, forms both cobalt(m) ions, 2.8.15, and 
cobalt(m) ions, 2.8.14. 

2. Limitations to formation of ions. Whether or not an atom will form an 
ion depends to some extent on the stability of the ionic structure which it 
might form. As ionisation depends on the gaining (anion formation) or 
losing (cation formation) of electrons, however, both the size of the atom. 

-and its atomic number are also important, The size of the atom determines 
the distance of the valency electrons from the nucleus. The atomic number 
determines the positive charge on the nucleus, and it is this charge which 
holds the electrons in position. 

The farther an electron is from the nucleus, the less firmly is it held and 
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the more easily can it be lost. Thus in the group lithium, sodium, potas- 

sium, rubidium and caesium the last atom, which is the largest, forms an 

ion most easily. The loss of an electron from_acaesium atom is so easy that 

caesium shows a very strong photoelectric effect (p. 98). Similarly, barium 
ionises more readily than strontium, calcium or magnesium. 

Once an electron has been lost from an atom, the remaining ones are 

held more firmly and are not lost so easily. It is in this way that the forma- 

tion of cations is limited to those with a charge of four units, and such 

highly charged ions are rare and only formed by large atoms. Tin and lead 

do form M**+ ions, but the smaller atoms of carbon and silicon do not. 

Similarly, aluminium forms Al*+, but there is no B** ion. 

In the formation of anions, the positive charge on the nucleus of an atom 

may be able to hold one extra electron, and can sometimes hold two or 

three, but three is the limit. The smaller the anion, the more easily can the 

nuclear charge hold the extra electrons, for, in a small ion, they are nearer 

to the nucleus than in a larger one. As a result, simple anions are limited to 

those of hydrogen (in salt-like hydrides such as lithium hydride, LiH), the 

halogens, oxygen, sulphur, selenium and tellurium, and nitrogen and 

phosphorus (in some nitrides and phosphides). In the halogen series, 

fluorine, with thesmallest atom, mosteasily forms an anion. Thus mercury(11) 

aluminium and tin(1v) fluorides are ionic compounds, whereas the 

corresponding chlorides are covalent. 

3. Fajans’s rules, From the general considerations outlined in the preceding 
section, it is possible to summarise the conditions favouring the formation 

of an ion. An ion will be formed most easily: 

a_if the electronic structure of the ion is stable 
b if the ck feign 1 

-c_if the atom from which the ion is formed is small for an anion, or large 
foracation. — 

These rules, in a different form, were first suggested by Fajans, in 1924, 

and are usually known as Fajans’s rules. 

Fajans used the conception of the atomic volume of an element, i.e. the relative 

atomic mass of the element divided by its density. This gives an approximate 

measure of the size of an atom of an element, and it follows, from what has been 

said above, that anions will be formed most easily by elements with low atomic 

volume, and cations most easily by elements with large atomic volume. 

The so-called diagonal relationships in the periodic table shown below, 

Li Be B Cc 
x K K 
NX NX Acie 

Na Mg Al Si 
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are probably due to the comparative ease of ionisation of the elements joined by 
arrows. Increase in ionic charge in moving from left to right will lead to greater 
difficulty in ionisation, but increase in atomic size in passing down a group will 
lead to greater ease of ionisation. 

4. Measurement of ease of formation of ions. More quantitative measure- 

ments of the ease with which various atoms will form ions can be made in 

three different ways. 

a. Electrode potentials. The standard electrode potential of an elemen 

(p. 426) is the potential difference between the el j - 

taining the ions formed from the element in a concentration of 1 mol of 

ion in 1 dm*. The electrode potential of hydrogen is arbitrarily chosen as 

zero, and other values are measured on this scale. The values for some 

common elements are given on p. 428. 5 

An element with a high negative electrode potential is one which 
readily loses electrons and forms positive ions. A large positive elec- 
trode potential means a readiness to form negative ions by gain of elec- 
trons. 

The resulting list of electrode potentials is sometimes known as the 
electrochemical series or the reactivity series. 

This series is a useful guide to the readiness with which an element will 
ionise, but it is based on measurements made on ions in solution, and, 
under such conditions, hydration of the ions may take place and affect 
‘their ease of formation. 

b. Ionisation energy. A direct measurement of the ease with which an 
atom can lose an electron, with no hydration complications, is provided by 
the ionisation energy of an element. This is the energy required to with- 
draw an electron from an atom against the attraction of the nuclear charge. 
In other words, it is the heat of reaction of the change 

atom + energy —> cation + 1 electron 

Tonisation energies can be measured by spectroscopic methods, or by 
measuring the current passing through a discharge tube containing gas 
or vapour of the element under consideration as the applied voltage is 
gradually increased. At certain voltages there are marked rises in the 
current passing and these correspond to the points at which atoms of the 
element concerned lose one, two, three or more electrons, 

Some typical ionisation energies are given below. The values given are in 
kJ mol~'; they can be converted into eV by dividing by 96.48. They show 
quantitatively some of the effects which have already been mentioned 
qualitatively, 
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H—>Ht+ Cu —> Cu* Be —~» Be?+ Zn —> Zn*+ 

1322 740.6 2644 2623 

Li—> Lit Cu—> Cu?+ Mg —> Mg?+ | Cd —>» Cd?+ 
518.8 2682 2176 2485 

Na— > Na+ | Ag—> Agt Ca —> Ca?+ Hg —> Hg?+ 
497.9 723.8 1724 2799 

| Au —> Au3+ Sr —> Sr’+ B—> B+ 

422.6 895.4 1602 6832 

Rb—> Rb+ [ A Ba > Bares ASAP 
401.7 1460 5099 

Cs —> Cst* 

380.7 IONISATION ENERGIES. (Values in kJ mol-*.) 

c. Electron affinity. The electron affinity of an atom is the energy given 

out when an extra electron is taken up by the atom. It is the heat
 of reaction 

of the change 

atom + 1 electron —~> anion + energy 

Electron affinities cannot be measured very easily. Spectroscopic 

methods can be used, and one main method depends on a study of the 

change of equilibrium of the above reaction with temperature. Some 

values of electron affinities, in kJ mol~', are given below, 

H—>H- F—F- Ci—cCl Br— Br I— I 

68.62 414.2 389.1 364.0 330.5 

5, Ionic radii. X-ray analysis of ionic crystals (p. 215), and other methods, 

give values for the equilibrium distance between two adjacent ions in a 

crystal. The values are very small and are generally expressed in nano- 

metres (nm), 1 nm being equal to 10-° m. An older unit, 1 Angstr6m unit 

(1 A), equal to 10-9 m is also still used to some extent. The internuclear 

distance for the halides of sodium and potassium are given below in nm: 

KCl KBr KI 

0.314 0.329 0.353 

NaCl NaBr Nal 

0.281 0.298 0.323 

Difference 0.033 0.031 0.030 

If the ions in a crystal are regarded as spheres, the internuclear distance 

between two ions will be made up of the sum of the ionic radii of the two 

ions. Moreover, the constancy of the difference between the internuclear 



168 Introduction to Physical Chemistry 

distances of sodium and potassium halides, as shown, indicates that the 

ionic radii of anions and cations must be reasonably constant in a series of 
such compounds. 

The actual internuclear distance does not give a value for an ionic radius 

until any one ionic radius is decided by some other method. By adopting 

ionic radii for fluoride and oxide ions of 0.136 and 0.140 nm, Pauling has 

drawn up tables of ionic radii. Typical vaiues are given below. 

0.198 | 0.195 

0.148 | 0.126 | 0.113 | 0.097 | 0.093 | 0.081 | 0.080 | 0.071 

0.169 | 0.137 | 0.135 | 0.110 | 0.115 | 0.095 

IONIC RADI. (Values in nanometres.) 

The figures illustrate a number of conclusions which would be expected 
on qualitative lines. 

a. The ions in any one vertical group of the periodic table increase in size 
as the relative atomic mass of the element increases. 

b. For a series of ions with the same arrangement of electrons as in neon, 
e.g. F~, Na*, Mg?*, Al?+, the size of the ion decreases as the atomic 
number increases. i i i i 
charge and a correspondin t 

trons. 
c. When an element forms two positively charged ions the ion with the 
lower charge is larger than the more highly charged ion. Pb?*, for example, 
with radius of 0.121 nm is larger than Pb‘*, with radius of 0.084 nm. 

d. Cations are smalle 

anions are larger, 

6. Ionic crystals. The-electrostatic forces holding the ions together in an : oe ; direc titel an ale ej ithin the 
grystal is mainly controlled by the sizes and the charges of the ions con- 
cerned, 
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a. Sodium chloride crystal structure. The way in which Nat and Cl~ ions 

build up into a sodium chloride crystal structure can be followed in stages. 

An ion-pair, shown in Fig. 40, has a strong residual field and will attract a 

ci= SNE 
New clo 

! 
Nat - 

cl Na* 
“ Fic. 42. Four ion- 

pairs of sodium 
chloride. The com- 

: parative sizes of the 

=-Cl- 

ions are not shown in 
this figure, but they 

Fic. 40. Ion-pair of Fic. 41. Two ion-pairs are the same as in 
sodium chloride. of sodium chloride. Fig. 41. 

second ion-pair, just as two magnets would, as shown in Fig. 41. Four ion- 

pairs will arrange themselves as in Fig. 42, and a larger number will take up 

the arrangement shown in Fig. 43, which gives the crystal structure of 

sodium chloride. 

Fic. 43. Crystal structure of sodium chloride, showing (right) the octahedral 

arrangement of six sodium ions around one chloride ion. 

In a sodium chloride crystal, each sodium ion is surrounded octa- 

hedrally by six chloride ions, and each chloride ion by six sodium ions. 

e nati y 2 e number of nearest neighbours of each ion in 

Other compounds, made up of simple ions, which have the same crystal struc- 

ture as sodium chloride include the halides of lithium, sodium, potassium, 

rubidium and caesium (except the chloride, bromide and iodide of caesium), the 

oxides and sulphides of magnesium, calcium, strontium and barium, the chloride, 
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bromide and iodide of silver, the monoxides of cadmium, iron(m), cobalt(1), 
nickel(m) and manganese(m), and monosulphides of manganese(m) and lead(n). 

One, or both, of the simple ions in a sodium chloride crystal may, also, be 
replaced by a charged group of atoms. Ammonium chloride, bromide and iodide, 
for instance, have the sodium chloride structure above their transition tempera- 
tures (p. 218) whilst Ca?+ and Co;?- ions in calcite, or Ca?+ and (C=C)?- ions 
in calcium carbide, are also arranged with the sodium chloride structure. | 

b. Caesium chloride structure. A plan of the sodium chloride structure 
shows the comparative sizes of the ions concerned. If the sizes of these ions 
were increased beyond certain limits it is clear, on geometrical grounds, 
that the arrangement of ions could not exist. 

Thus, caesium chloride, with a Cs* ion of radius 0.169 nm as compared 
with a radius of 0.095 nm for the Na+ ion, has a body-centred crystal struc- 
ture (Fig. 44) and a corresponding co-ordination number of 8. Caesium 

Fic. 44. Crystal structure of caesium chloride showing (right) the cubical arrangement of eight caesium ions around one chloride ion. 

bromide and iodide have the same structure as caesium chloride, but 

Other substances which crystallise with a caesium chloride structure 
include caesium cyanide, thallium()) cyanide, chloride, bromide and iodide, 
and the chloride, bromide and iodide of ammonium below their transition 
points (p. 218). 

7. Structures of CA, ionic crystals. When the charge on the cation is twice that on the anion the crystal can be represented as CA,. The two commonest crystal structures for ionic compounds of this type are the fluorite, CaF, and the rutile, TiO,, structures. 
In the fluorite structure (Fig. 45) of CaF,, each Ca2+ jon is surrounded by eight F~ ions at the corners of a cube, and each F~ ion is surrounded by four Ca’* ions arranged tetrahedrally. The coordination numbers are 8 and 4. In the rutile structure of TiO, (Fig. 46) each Ti*+ ion is surrounded by six O?~ ions arranged octahedrally, and each O?- ion is surrounded by three Ti*+ ions arranged triangularly. The co-ordination numbers are 6 and 3, ; A third closely related structure is the anti-fluorite structure which is the normal fluorite structure with the anions and cations interchanged. 



The electrovalent or ionic bond 171 

Fic. 45. Fluorite structure showing (right) the tetrahedral arrangement of four 

calcium ions around one fluoride ion, and (below) the cubical arrangement 

of eight fluoride ions around one calcium ion. 

Fic. 46. Rutile structure showing (right) the octahedral arrangement of six 

oxide ions around one titanium ion and (below) the triangular arrangement of 

three titanium ions around one oxide ion. 

8. The magnetic moments of ions. Much information has been obtained 

about the arrangement of electrons in ions from magnetic measurements. 

Substances may be classified as paramagnetic or diamagnetic. Para- 

magnetic substances are drawn into a strong magnetic field, i.e. they take 

up a position parallel to a magnetic field (Fig. 47a). Diamagnetic sub- 

stances tend to be drawn out of a magnetic field, i.e. they set themselves at 

right angles to the field (Fig. 47b). Substances normally regarded as 

magnetic, e.g. iron, steel, cobalt, nickel and magnetic alloys, are para- 

magnetic, but the degree of magnetism possessed by such substances is 

much greater than that of any others. They are said to be f
erromagnetic. 



172 Introduction to Physical Chemistry 

An ion containing an unpaired electron is paramagnetic, whilst one in which all 
the electrons are paired is diamagnetic. A spinning electron is equivalent to an 
electric current in a circular conductor and, as such, behaves as a magnet. The 
moment of such a magnet is measured in magnetons and the magnetic moment 
of a paramagnetic substance containing m unpaired electrons can be shown to be 
Vn(n + 2) magnetons. This enables the number of unpaired electrons in any ion 
to be determined by measurement of its magnetic moment. 

View from side 

eNJo=—= [53 SN] [s_2 
View from above 

(a) (b) 
Paramagnetic substance Diamagnetic substance 

Fic. 47. Effect of suspending paramagnetic and diamagnetic substances in a 
magnetic field. Paramagnetic substances take up a position parallel to the field; 
diamagnetic substances set themselves at right angles to the field. 

9. Energy changes in forming a crystal. The formation of a crystal, such as 
that of sodium chloride, can be regarded as taking place in stages. 

a. Formation of free atoms from elements. -The formation of free sodium 

. The quantity involved in the first 
case is referred to as t imati sation of solid sodium, 
Sna, that in the second case is the dissociation energy or heat of atomisation 
of gaseous chlorine, Dg. ; 

b. Formation of an ion from a free atom. The energies involved in the forma- 
tion of an Na* ion from an Na atom, or a Cl~ ion from a Cl atom, are the 
ionisation energy of sodium, Ina, (Pp. 166) and the electron affinity of 
chlorine, Eq, (p. 167) respectively. 

c. Formation of an ion pair. There will be an attractive force between an 
Na* and a Cl ion. If the two ions are at a distance r apart the force will 
be equal to e?/r?, and if they come closer together by a distance dr there 
will be a release of energy equal to e? x dr/r?. In forming an ionic bond * 
in an ionic pair, it is a matter of bringing the two ions to their interionic 
distance, d, and the energy released in doing this will be given by 

ds : 
e e 
=. dr or 5 2° 

[is d 
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ion of an ioni will only take place if ions 

are stabler than the free atoms, i.e. if (ja — Ec: — e?/d) is negative. 

d. Crystal or lattice energy. The simple ion pair formed in c. has a strong 

residual field so that many similar ion pairs attract each other and build 

up into an ionic crystal. This involves further energy changes, and the total 

energy change when free ions form together into a i 

crystal or lattice energy. Alternatively, this energy can be regarded as that 

required to break down a crystal structure into free ions. The lattice 

energy can be calculated for a given crystal, e.g. Cyaci, in terms of the 

forces acting within the crystal. 

e. The Born—Haber cycle. The heat of formation of crystalline sodium 

chloride, i.e. the heat of reaction of 

Na(s) + 4Cl,(g) —» NaCl(s) + H (heat of reaction) 

is, therefore, made up of five different energy terms. All the energy changes 

involved are interrelated in the Born—Haber cycle which can be sum- 

marised as follows: 

Na(s) + 3CL(g)—%» NaCl(s) 
= Pe + Dei 

— Cnaci 

Na mune epee Nat-orci= 
(free atoms) (free ions) 

? 
By. Hess’s law the energy change in the formation of crystalline sodium 

chloride must be the same however it is formed and it therefore follows that 

H = —Sya — Dei — Ina + Eos + Cnaci 

If any five of the quantities concerned can be measured or calculated the 

sixth value can be obtained. The relationship is useful for finding values of 

crystal energies from measured values of H, Sna, Dei, Ina; and Eq, or for 

obtaining values of Eq; from measured values of H, Sna, Dei, Ina and 

calculated values of Cyaci. Similar considerations apply to other crystals. 

(Questions on the contents of this Chapter will be found on pp. 205-7.) 
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The covalent bond 

1. Molecular orbitals. It is clear that ions are held together by electrostatic 

attraction in an electrovalent or ionic bond, but it is less easy to understand 

why a shared pair of electrons should hold two atoms together. There are 

two ways of viewing the problem. One involves the use of the conception of 

resonance and _ is deferred until Chapter 18; the other line of approach is 

afforded by the method of molecular orbitals. 

In this method, a molecule is supposed to have electronic orbitals 

associated with it in much the same way as a single atom has (p. 108). All, 

or nearly all, of the electrons associated with the component atoms of a 

molecule are supposed to enter the various molecular orbitals, which fill up 

according to certain rules just as atomic orbitals do (p. 111). The Pauli 

principle (p. 109) applies to molecular orbitals, as to atomic orbitals, and 

no molecular orbital can contain two precisely similar electrons. This 

means that any particular molecular orbital can only contain two electrons, 

and that these two must have different spins. 

The nomenclature s, p and d used for atomic orbitals is replaced by that 

of o, ~ and 8 for molecular orbitals, co and = being the most important. 

Electrons in some of these molecular orbitals contribute towards the 

binding together of the atoms in a molecule; such orbitals are known as 

bonding orbitals. Others cause repulsion between atoms and are known 
as anti-bonding orbitals. 

The nomenclature most commonly used indicates (a) the nature of the 
molecular orbital, i.e. c or x, occupied by electrons in a molecule, (5) the 
atomic orbital from which the electrons originated, and (c) whether the 
molecular orbital is bonding or anti-bonding. A ols orbital, for example, 
is a o orbital made up by interaction of 1s atomic orbitals; it is a bonding 
orbital. A o*1s orbital is the corresponding anti-bonding orbital. 

2. The hydrogen molecule. In a hydrogen molecule, H;, the two 1s electrons, 
one from each of the two hydrogen atoms concerned, are present in a ols 
molecular orbital. This is a bonding orbital and constitutes the single 
covalent bond in the hydrogen molecule. Since the orbital can only hold 
two electrons if they have different spins, it is clear that a molecule will only 
be formed from two hydrogen atoms containing electrons with opposed 
spins. This is an important point. A covalent bond is not simply_a shared 

—pair;.itis.a shared pair of electrons with opposed spins. This means that only 
single, unpaired electrons, in atoms, can participate in covalent bond 
formation. 
An atomic orbital can be represented as a charge cloud of varying 

density, or, more conveniently, by mapping out the boundary surface 
within which the electron might be said to exist (p. 119). The same pro- 
cedure can be adopted for molecular orbitals, as is illustrated for the 
hydrogen molecule in Fig. 48. 

It is the 
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ert nr nam amped enable rec aririt nee Such 

an accumulation of charge occurs when two s orbitals containing electrons 

with opposed spins overlap. 

@@-@D 
Two lsatomicor- A ols molecular 
bitals; electrons orbital. A bond- 
with different ing orbital form- 

spins. ing a o-bond. 

Fic. 48. Formation of a s-bond from a pair of 
s electrons with different spins. 

If electrons with the same spin are involved, an anti-bonding molecular 

orbital is formed (Fig. 49). 

The bonding molecular orbital formed from any pair of s electrons with 

different spins is plum-shaped, as shown in the hydrogen molecule. It is 

symmetrical about the line joining the two nuclei and has no nodal plane, 

OH + ©@ 
Two 1s atomic A o* 1s mole- 
orbitals; elec- cular orbital. 

trons with like Anti-bonding. 
spins. 

Fic. 49. Formation of anti-bonding molecular 

orbital from a pair of s electrons with like spins. 

i.e. a plane in which the probability of finding an electron is zero (p. 119). 

The bond which it forms is referred to as a o-bond, and the electrons which 

occupy a o orbital are referred to as o-electrons. 

The bonding orbital formed from any pair of p electrons with opposed 

spins is different. It is known as a orbital and its boundary surface is 

shown in Fig. 50. 

S eae Nodal 

Two p atomic orbitals. A x-molecular orbital. 

Fic. 50. Formation of a x-molecular orbital from a pair of 

p electrons with different spins. A x-bond. 

n-orbitals, like p atomic orbitals from which they are formed (p. 119), 

have a nodal plane. The bonds which they form are known as m-type-or 

n-bonds and electrons occupying a 7 orbital are known as m-electrons. 
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There are, then, really two kinds of covalent bond. A o-bond holds two 
atoms together by an accumulation of charge between their nuclei. A 

3. Directional nature of covalent bonds. The electrical field surrounding an 
ion extends equally in all directions and, to that extent, the bond formed by 
an ion has no directional characteristics. That covalent bonds can be 
directed in space is shown, however, both by the existence of stereoiso- 
merism in covalent compounds and by the actual measurement of the 
angles between covalent bonds. 

H 
ac fio#si" 

H 

Fic. 51. Bond angles in water and ammonia molecules. 

The atoms in a water molecule, for instance, are not in a straight line, 
and in the ammonia molecule the atoms are in a pyramidal arrangement 
with bond angles between adjacent N—H bonds of 108° (Fig. 51). 

The directional nature of some covalent bonds is explained in terms of 
the various atomic orbitals participating in bond formation. Only those 
orbitals containing an unpaired electron will, it must be remembered, be 
available for contributing to a shared pair. s orbitals are said to be 
spherically symmetrical, and they have no directional character. A p 
orbital, however, is dumb-bell in shape and has, therefore, a directional 
nature. Moreover, the three p orbitals in any one shell, i.e. the p,, p, 
and p, orbitals, are directed mutually at right angles to each other 
(p. 119). 

In a water molecule each hydrogen atom has an s electron available for 
bond formation. The oxygen atom, with an electronic arrangement (p. 
114) of, 

ls 2s 2px 2py 2pz 
O vy fy vy t f 

has two 2p electrons available, the two 2p orbitals being at right angles to 
each other. The two O—H bonds will be s—p bonds, and the molecule of 
water might well be expected to be represented in some such way as in 
Fig. 52, with a bond angle of 90°. The fact that the measured bond angle is 
104° 31’ is, possibly, due to the ionic character (p. 187) of the O—H bond. 
This gives positive charges to the two hydrogen atoms in a water molecule 
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and causes them to repel each other to some extent making the bond angle 

greater than the expected 90°. For hydrogen sulphide, where the ionic 

character is not so great, the observed angle is 92° 20’. 

Fic. 52. The way in which two s orbitals from hydrogen atoms might be ex- 
pected to interact with p orbitals from an oxygen atom to form a water molecule 
with a bond angle of 90°. 

In ammonia the nitrogen atom, with a structure of 

Ky 2s 2px 2py 2pe 
N LN vy t ¢ ‘ 

has three 2p electrons available for bond formation. The ammonia mole- 
cule therefore contains three s—p bonds and it would be expected that 
these would be at right angles to each other. The actual bond angles are 

each 108°, and the divergence from 90° is again probably due to the partial 

ionic character of the bonds. The bond angles in phosphine, PHs, are 

about 95°. 

4. Hybridisation. The arrangement of extra-nuclear electrons in carbon 

atoms, 

1s San eee px 2py 2Dz 

C vy vy o ¥ 

shows only two unpaired electrons, and this would indicate that carbon 

ought to be 2-valent. To account for the quadrivalency of carbon it must be 

assumed that the arrangement of electrons in the carbon atom is changed, 

prior to reaction, in such a way as to provide four unpaired electrons. The 

change which takes place provides one 2s and three 2p electrons, 

ls 2s 2pz 2py 2pz 

C vy ¥ v ¥ v 

If four such unpaired electrons took part in the formation of four co- 

valent bonds with, say, hydrogen it might be expected that one of the four 

bonds would be an s—s bond with no directional character, whilst the other 

three would be s—p bonds directed at right angles to each other. This is not 

in accordance with the known facts, for carbon’s four valency bonds are 

arranged tetrahedrally. 

The matter is resolved by supposing that one s and three p orbitals can 
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combine together into four different orbitals, and it can be shown, theo- 

retically, by combining the wave-functions of the one s and three p orbitals, 

that the result will be four equivalent orbitals directed towards the corners 

of a regular tetrahedron. 

This process.of combining orbitals together in this sort of way is known 

as hybridisation and the resulting orbitals are referred to as hybrid orbitals. 

Bonds formed from hybrid orbitals are known as hybrid bonds. 

eh ee 
$ orbital p orbital sp} orbital 

Fic. 53. The boundary surface of an sp? orbital formed by hybridisation of sand D 
orbitals. With a carbon atom, four similar sp* orbitals are arranged 
tetrahedrally. 

The hybrid orbitals of carbon referred to above are labelled as sp? 
orbitals, and their shape is shown in Fig. 53. The directional arrangement of 
the four sp? orbitals towards the corners of a regular tetrahedron accounts 
for the tetrahedral arrangement of carbon’s four valencies, first suggested 
by le Bel and van’t Hoff. 

5. The nature of the C=C bond. The type of hybridisa- 
tion described in the preceding section, sometimes 
known as tetrahedral hybridisation, is not the only 
way in which s and p orbitals can be hybridised. 

‘It is possible, for instance, for one 2s and two 2p, or 
for one 2s and one 2p orbitals to be hybridised. With 

Fic. 54. Three sp? one 2s and two 2p orbitals the resulting hybrid orbitals 
orbitalsinthesame are all equivalent and are coplanar at an angle of plane but at angles 
of 120° to each 120° to each other (Fig. 54). The hybrid orbitals are 
other. known _as_sp’ orbitals. One 2p_orbital_remains_un- 

changed (Fig. 55). 
This type of hybridisation (trigonal hybridisation) occurs in the forma- 

tion of a C=C bond. Each carbon atom linked by the bond has three 
equivalent sp? orbitals. In the molecule of ethene (ethylene), two of these 
orbitals from each carbon atom form covalent bonds (c-bonds) with 
hydrogen atoms. The remaining sp? orbital of each carbon atom forms a 
s-bond between the carbon atoms. The two carbon, and four hydrogen, 
atoms are all in the same plane. 

At right angles to this plane there remains the unchanged 2p orbital of 
each carbon atom and these two 2p orbitals interact to form a m-bond 
between the two carbon atoms (Fig. 56). 
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A double bond between carbon atoms consists, therefore, of a c-bond 

and a x-bond. The two bonds are not of equal strength, for .a_o-bond is 

stronger than.a -bond. Two atoms linked by a o-bond can rotate freely 

iO se CC oe 120° 

Fic. 55. The 2p orbital Fic. 56. The bonding in an ethene 

remaining after the forma- molecule. Fouro-bonds between carbon 

tion of three coplanar sp? and hydrogen atoms. One o-bond and 

orbitals. one x-bond between carbon atoms. 

about the bond, unless there is some steric interference, but free rotation 

is prevented when two atoms are linked by a z-bond. 

6. The nature of the C=C bond. Hybridisation of one 2s and one 2p orbitals 

leads to two equivalent orbitals, which are 

colinear (Fig. 57). This type of hybridisation, 

known as digonal hybridisation, and forming 

sp orbitals, occurs in the formation of a C=C 

bond. Two 2p orbitals remain unchanged on 

each carbon atom. 

Each carbon atom linked by the triple 

bond has two equivalent, coplanar, sp orbitals. In the molecule of 

ethyne (acetylene), one of these orbitals from each carbon atom forms a 

o-bond with hydrogen atoms, and the remaining sp orbital of each carbon 

atom forms a o-bond between the two carbon 

CL j atoms. The four atoms are all colinear. 

ape n The two remaining 2p orbitals of each car- 

bon atom interact to form two x-bonds be- 

tween the carbon atoms, these two bonds 

being in planes at: right angles to each other 

eS (Fig. 58). 

cha Easier e The C=C bond consists, therefore, of a o- 

bonds between carbon and_ bond and two m-bonds. 

hydrogen atoms. One o- 

bond and two x-bonds (in 7, Bond energies. Determination of the bond 

et aiptiod Garo energy in a diatomic molecule containing a 

atoms. covalent bond involves the measurement of 

the heat of formation of the molecule from 

its free atoms, or, alternatively, the heat of dissociation of the mole- 

Fic. 57. Two colinear sp 
orbitals. 
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cule into its free atoms. The bond energy of a bond A—B is equal to U, 
where 

A + B — A—B + U 
(atom) (atom) (molecule) (energy) 

In a simple molecule, such as that of hydrogen, the heat of dissociation, 
or the dissociation energy, can be measured by spectroscopic means. The 
value obtained for hydrogen is 432.6 kJ mol}, i.e. 

H, —>H + H — 432.6 kJ 

and this value is equal to the bond energy of the H—H bond. 
With polyatomic molecules the situation is more complicated but bond 

energies can be obtained by thermo-chemical measurements as described 
on p. 302. 

Some bond energies for common bonds are given below. 

BOND ENERGIES OF SINGLE BONDS. (Values in kJ mol~*) 

C=C C=N 
611.3 564.8 

C=C 
803.7 

Sere eae oe er 
BOND ENERGIES OF MULTIPLE BONDS. (Values in kJ mol-1.) 

These values show how much energy is required to rupture a particular bond and they therefore indicate the relative stability of various bonds. Notice, for instance, the wide range of stable bonds formed by carbon. They also enable the heats of formation of some compounds to be cal- culated. The heat of formation of ethanol, for example, can be obtained by adding up the bond energies of five C—H, one C—C, one C—O and one O—-H bonds. The value obtained is 3210.6, which compares well with the experimental value of 3210. 
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Heats of reactions may also be calculated from bond energies. The 

reduction of an alkene to an alkane, for instance, involves bond changes 

represented as follows: 

C=C + H-H —+ CC + 21C—-H) 
611.3 432.6 3414 2x 413.4 

ered) 

1043.9 1168.2 

The reduction therefore involves an evolution of 124.3 kJ and this is in 

very good agreement with experimental values. 

It will be seen, however, that such uses of bond energies do not always 

give figures in agreement with the experimentally measured values, and this 

has important consequences (p. 191). 

8. Bond lengths and covalent radii. The bond length of a covalent bond is 

the distance between the nuclei of the two bonded atoms. The distances 

involved are very small and they are usually expressed in nanometres 

(p. 167). 
Bond lengths can be measured by X-ray analysis of crystals, by the 

diffraction of X-rays, electrons or neutrons by gases or vapours, or by 

spectroscopic methods. The results of measurements on a wide variety of 

compounds shows that the inter-atomic distance between two atoms A and 
B linked by a covalent bond is very nearly constant, and is independent of 

the varied nature of the molecules in which the bond length is measured. 

The C—Cl distance, for instance, is 0.176 nm in mono-, di-, tri- and tetra- 

chloromethane. Similarly the C—C distance is 0.154 nm whether the bond 

occurs in diamond, propane, 1,3,5-tri-methylbenzene, ethanal trimer, or 

many other compounds. 

It is found, moreover, that the interatomic distance A—B is equal to 

the arithmetic mean of the A—A and B—B distances, i.e. 

ents A—A + B—B 
2 

and, because of this simple relationship, it is possible to allot what are 

called covalent radii to the elements such that r, + rg = A—B. The 

covalent radii of these elements which normally form covalent bonds are 

summarised below. 
As is to be expected, the heavier elements in any one group of the 

periodic table have the larger radii; the heavier elements contain more 

electrons. For elements in the same horizontal periods those with higher 

atomic numbers have the smaller radii; these elements have their outer 

electrons in the same orbits, but the electrons are more strongly attracted 

by increasing positive charges on the nuclei. 
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H 
0.030 

B 
0.088 

SINGLE-BOND COVALENT RADII. 
(Values in nanometres.) 

Similar multiple-bond covalent radii for double and triple bonds, sum- 

marised below, show that the double-bond radius of an atom is about 

13 per cent, and the triple-bond radius about 22 per cent, less than the 

corresponding single-bond radius. 

MULTIPLE BOND COVALENT RADII. (Values in nanometres.) 

The values for both single-bond and multiple-bond covalent radii are 

found to disagree with the measured bond lengths in some molecules, an 

effect which is explained by resonance (p. 191). 

9. Atomic or covalent crystals. In atomic or covalent crystals, the structural 
units are atoms, and the bonding between the atoms is covalent, or pre- 
dominantly covalent. Atomic crystals are not so common as ionic crystals 
(p. 169). The three main structures involved in atomic crystals are described 
below. 

a. The diamond structure. In a diamond crystal (Fig. 59) each carbon atom 
is surrounded by four other carbon atoms arranged tetrahedrally. The 
atoms are linked by covalent bonds, which are sp? hybrid bonds (p. 178), 
and the interlocking network of atoms accounts for the extreme hardness 
of diamond. 
Germanium, silicon and grey-tin also have a diamond structure, and 

it is common for elements in group 4 to exhibit allotropy. Carbon atoms, 
for example, can be linked together in a different structure, as in graphite 
(p. 204). 
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b. The zinc-blende structure. Zinc blende is one form of zinc sulphide. 

The crystal structure (Fig. 60) is related to that of diamond, the only 

difference being that adjacent atoms are different. Thus each zinc atom is 

Fic. 59. The crystal structure of diamond showing (right) the tetrahedral 
arrangement of four carbon atoms around a central carbon atom. 

e.—.S 

On—PZ0 

Fic. 60. The crystal structure of zinc blende showing (upper right) the tetrahedral 

arrangement of four sulphur atoms about a zinc atom and (lower right) the 

tetrahedral arrangement of four zinc atoms about a sulphur atom. Compare the 

crystal structure of diamond (Fig. 59). 

surrounded by four sulphur atoms arranged tetrahedrally, and each 

sulphur atom by four zinc atoms similarly arranged. 

Other common substances which crystallise with a zinc-blende structure 

are copper(1) chloride, bromide and iodide, aluminium phosphide, silicon 

carbide, and the sulphides of beryllium, cadmium and mercury(il). 

c. The wurtzite structure. Wurtzite is another form of zinc sulphide, and 

the structure (Fig. 61) is closely related to the zinc-blende structure above. 
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Fic. 61. The crystal structure of wurtzite showing (right) the tetrahedral arrange- 
ment of four zinc atoms around a sulphur atom, and (Jeff) the tetrahedral arrange- 
ment of four sulphur atoms around a zinc atom. 

Each atom is surrounded by four ‘nearest neighbours, arranged tetra- 
hedrally, as in zinc blende. It is only when the second nearest neighbours 
are considered that the wurtzite structure differs from that of zinc blende. 

(Questions on the contents of this Chapter will be found on pp. 205-7.) 
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Resonance 

1. Resonance hybrids. In the preceding chapters the various different bonds 

have been regarded as distinct types, but there is plenty of evidence that the 

actual chemical bonds occurring in some compounds are of intermediate 

type. 

The actual arrangement of electrons in a particular molecule cannot 

always be satisfactorily represented, by using accepted symbols, in terms 

solely of simple ionic or covalent bonds. No_single structural formula 

which can be written for benzene, for example, accounts forall the known 

properties of benzene, and this is so for many other compounds. 

The actual electronic arrangement in such compounds, which cannot be 

represented adequately by accepted symbols, has, therefore, to be repre- 

sented in terms of other possible, though non-existent, structures which can 

be formulated using accepted symbols. The actual structure which must be 

visualised does not consist of a mixture of the various possible structures. 

It is a single structure of its own, but as it cannot be written down simply on 

paper, it is necessary to think of it in terms of structures which can. 

A carbon dioxide molecule, for instance, can be represented by the three 

possible structures shown below. 

xx @ 200 

E =C=O or OFCLO 
xX X © 00 

II. O<-C=O or X¥O03:C3Z08 
O00*0e 

nr O55 C--O- oF 0 Qa Oo ° 

The actual structure of carbon dioxide which best accounts for all its 

properties, particularly for the measured bond lengths and heat of forma- 

tion (p. 191), must be considered as something closely related to all the 

three possible structures, but something which is different from all of them. 

The actual structure is said to resonate between the structures I, I] and 

IL,or to be a resonance hybrid of the three structures_Alternatively, using 

a terminology introduced by Ingold, the term mesomeric forms or meso- 

meric structures are used and the conception is known as mesomerism 

(‘between the parts’). 

Various analogies have been suggested to facilitate the building up of a 

visual picture of what resonance means. Perhaps the best is the idea of 

describing a rhinoceros in terms of a unicorn and a dragon. The rhinoceros, 

which has an actual existence, is thought of, as a sort of resonance hybrid, 

in terms of unicorns and dragons, which do not exist. 
I : . 
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alike, and that it is not just_a mixture of different_molecules.It is par- 
ticularly important to distinguish between resonance and tautomerism, for 
they are easily confused. The latter may be regarded as the existence of two 
or more forms of a substance having different arrangements of atoms; the 
forms can sometimes be isolated. The possible structures contributing to a 
resonance hybrid have the same arrangement of atoms but different 
arrangements of electrons. 

2. Resonance energy. One of the most important points connected with 
resonance is that the resonance hybrid is a more stable structure than any 
of the structures contributing to it. 

The increased stability is accounted for in the following way. If it is sup- 
posed that a resonance hybrid has two resonating structures, I and II, they 
can each be represented by wave functions, in simple cases, which give the 

Energy of structure I 

ea Energy of structure IT 

Resonance Energy 

Increase In Stability Increase in Energy 
Energy of actual structure 

Fic. 62. Illustration of the increased stability of the actual structure 
caused by resonance between two Possible structures, I and II. 

energies of the structures they represent. By combining the two wave 
functions, it is found that a third wave function will also represent the 
system and that this function corresponds to a lower energy value, i.e. a 
higher stability. 

The resonance energy of a substance is tHe extra stability of the reson- 
ance hybrid as compared with the most stable of the resonating structures 
(Fig. 62). It will be seen that the resonance hybrid is more stable than any of the resonating structures. It is, therefore, wrong to speak of the resonance hybrid being intermediate between the resonating structures so far as energy is concerned. 

For carbon dioxide, the resonance energy is 154.4 kJ. This value is ob- tained by subtracting the calculated heat of formation of the O=C=O structure (1447.6 kJ, p. 180) from the observed value of the heat of forma- tion (1602 kJ). In general 

Resonance _ Observed heat of Calculated heat 
energy formation of formation 

3. Ionic character of covalent bonds. A covalent bond between an atom A and an atom B involves sharing of electrons and is represented as AxB. 
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An ionic bond involves complete transfer of electrons and is represented 

as (A)*(B)~. 
In acovalent bond between unlike atoms the pair of shared electrons will 

not necessarily be shared equally by both atoms, for if, ina bond A—B, the 

atom B has a stronger attraction for electrons than A the shared pair will 

be attracted towards B and away from A. Any permanent displacement of 

electrons of this sort in a covalent bond will give the bond some ionic 

character, and the_actual bond will have to be represented as a resonance _ 

hybrid between_covalent and ionic forms, 

A—-B <> AtB™ 

In an alternative method of describing the same state of affairs an 

inductive effect is said to exist in the bond; this is symbolised as A >— B. 

The extent of the ionic character, or the inductive effect, in a covalent 

bond will depend on the relative attraction for electrons of the bonded 

atoms. A covalent bond between like atoms will have no ionic character or 

inductive effect; it might be regarded as a true covalent bond. But in a bond 

between an electropositive atom, A, and an electronegative atom, B, the 

ionic structure A*B~ may have a similar stability to the covalent structure 

A—B. If so, the ionic character of the actual bond will be high. 

The _stability_of the_A+B- form will clearly depend_on_the_relative 

‘affinities’ of A and B for electrons. Various terms are used to describe this, 

and atoms with a strong ‘affinity’ for electrons are said to be strongly 

electrophilic, to be electronegative, or to have a high electronegativity. The 

greater the difference between the electronegativities of the atoms A and B 

the stabler A+ B- or A~B* will be and the more ionic in character will the 

bond between A and B be. 

4. Electronegativity scales. It is possible to give quantitative values to the 

electronegativities of atoms, and to draw up electronegativity scales. 

Pauling has based his scale on the estimated contribution of the A*B~ 

structure to the actual bond existing between A and B. This is done by 

making the following measurements: 

Actual bond energy measured experimentally 

Bond energy if the bond was truly covalent 

Resonance energy caused by ionic character of bond > =H-—-Q 

Values of H can be measured experimentally, but a truly covalent bond 

between unlike atoms is hypothetical, and therefore, the value of Q can only 

be obtained indirectly. Pauling has obtained values of Q by taking the bond 

energy of the truly covalent bond A—B(E4s) as either the arithmetic or the 

geometric mean of the bond energies of the bonds A—A(E,,) and 

B—B(Ezz), i 1.€. 

Eu, = 

I 
H 
Q 

East Epp or Eup a V Eas x Esp 
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The difference between the values of H and Q, obtained in these ways, is 

then taken as the ionic resonance energy of the bond A—B. Typical values 

obtained are 267.8 kJ for H—F and 6.69 kJ for H—I. The smaller value 

for HI is to be expected, for iodine is well known to be less electronegative 

than fluorine, and the higher ionic resonance energies would be expected 

the greater is the difference between the electronegatives of the two atoms 
linked together. 

Pauling has used the ionic resonance energies as a means of estimating 

this difference in electronegativity and has drawn up an electronegativity 

scale, given below, on the basis that the electronegativity, x, of an element 

is such that (x3 — x,) is approximately equal to the square root of the 
ionic resonance energy of the bond A—B expressed in eV (p. 142). 

ELECTRONEGATIVITY VALUES, 

Mulliken has arrived at an electronegativity scale in close agreement 
with that of Pauling by taking the electronegativity of an atom as the 
arithmetic mean of its ionisation energy (p. 166) and its electron affinity 
(p. 167). These values, when scaled down, give electronegativity values 
very similar to those of Pauling’s scale. 

The greater the difference, (x3 — xa), between the electronegativities of 
two atoms the greater the ionic character of the bond A—B. An (xp — Xa) 
value of 1.7 leads to 50 per cent ionic character; a value of 2.3 to 73 per 
cent. The percentage ionic character of typical bonds is given below: 

C—H N—H 
4% 19% 

C—F C—Cl 
43% Ly, 

5. Effect of ionic character. A covalent bond with some ionic character 
differs from a truly covalent bond in three main ways. 
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a. Bond length. The sum of the single-bond covalent radii of two atoms 

A and B only gives the bond length, A—B, when the bond is purely co- 

valent. A covalent bond with some ionic character will have a slightly 

different length, and there are various empirical formulae relating the 

difference in length to the electronegativities of the atoms concerned. 

b. Chemical reactivity. A covalent bond with some ionic character has 

electrical charges associated with it. Such charges render the bond more 

liable to attack by other charged atoms or groups, and, therefore, affect 

chemical reactivity and the detailed mechanism of chemical reactions. 

c. Dipole moments. A magnet has a magnetic moment equal to ml, 
where m is the pole strength of the magnet and / the distance between the 

poles. In a similar way, two equal and opposite, but separated, electrical 

charges constitute an electrical dipole moment measured by the charge 

multiplied by the distance between the two charges. 
Dipole moments are expressed in terms of coulomb metre units.* All 

dipole moments are of the order 10-*° C m, and this is to be expected for 
the charge on an electron is of the order 10-1 C and molecular distances 

Any bond which has any degree of polarity will havea corresponding 

dipole moment, though it does not follow that compounds containing such 

bond na e dipole momen e polari 0 e 7 ed a whole 

i tor sum of the individual bond moments. The C—Cl bond, for 

instance, has definite polarity, C>-Cl or C®—CI®, and a definite dipole 

moment. Tetrachloromethane, however, has no dipole moment for the 

resultant of the four C—Cl moments is zero. By comparison, mono-, di- 

and tri-chloromethane all have dipole moments. 

The positive and negative ends of a dipole are conveniently represented 
—s 

by an arrow over the bond or compound concerned, e.g. A—B. The arrow 

head indicates the negative end and the tail the positive end. The methods 

of dipole moment measurement are outside the scope of this book, but such 

measurements provide a mass of data which can be used in a variety of 

ways to solve chemical problems. 

The ionic character of a bond, for instance, can be estimated from the values of 

its dipole moment and its bond length. The dipole moment for HCl, for example, 

is 3.436 x 10-3° C m. If the bond was fully ionic the expected dipole moment 

would be equal to the charge on the electron multiplied by the bond distance, 

ie. (1.602 x 10-%9) x (1.29 x 10-') or 20.67 x 10-*°. The actual ionic 

character of the H—CI bond may, therefore, be taken as sam x 100 per cent, 

i.e. approximately 17 per cent. This result is in good agreement with that ob- 

tained from the electronegativities of hydrogen and chlorine (p. 188). 

* An older unit, the debye (D) is still used; it is equal to 3.335 640 x 10-*° Cm. 
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6. Bond order. 

The actual bonds between carbon atoms in a benzene molecule (p. 193) 
are neither C—C nor C=C bonds. They are something intermediate, a 
fact which can be expressed in terms of resonance, 

C—-C <-> CC 

A single bond, C—C, is said to be of order 1; a double bond, C=C, of 
order 2; and a triple bond, C=C, of order 3. An actual bond intermediate 
between a C—C and a C=C bond would have a bond order between 1 
and 2. Many examples are known where actual bonds in molecules are of 
these intermediate types. 

7. Conditions necessary for resonance. The several structures which may 
contribute to a resonance hybrid can only do so under certain conditions. 

a, They must all have their various atoms in the same relative positions. 
Different arrangements of atoms leads to tautomerism. 

b. The several structures must each be reasonably stable. If very unstable 
the contribution they could make to the resonance hybrid would be so small 
as to be negligible. 

c.. The number of unpaired electrons must be the same in all the several 
structures to allow a continuous change from one bond type to another. 

8. Evidence for resonance. There are four main lines of evidence which 
suggest that a particular substance may exist as a resonance hybrid. 

a. Chemical evidence. When one structural formula fails to account for the 
known properties of a substance, as with benzene, the formula is probably 
only one of other possible formulae contributing to a resonance hybrid. 

b. Bond length. When the measured bond lengths in a molecule do not 
agree with the bond lengths calculated from covalent radii it is probable 
that the molecule ought to be represented as a resonance hybrid. 

c. Bond energies. When the experimentally measured values of the heats 
of formation or hydrogenation of a compound are greater than the heats of 
formation or hydrogenation calculated from the bond energies of the bonds 
in a structure purporting to represent the compound, then that single 
structure is probably only one of many contributing to a resonance hybrid. 
d. Dipole moments. A single structure for the molecule of a compound 
may not be able to account for the observed dipole moment. 
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9. Examples of resonance. Typical examples are given below. 

a. Carbon dioxide. The formula of carbon dioxide was, for a long time, 

thought to be O—C—O. If this was the correct formula the bond distances 

in carbon dioxide ought to be equal to the sum of the double-bond covalent 
radii of carbon (0.067 nm) and oxygen (0.055 nm). This calculated bond 

length of 0.122 nm is not in agreement with the measured value of 0.115 nm. 

Moreover, the bond energy of the C—O bond is 723.8 kJ so that the 

calculated heat of formation of carbon dioxide, if its structure is O—C—O, 

would be 1447.6 kJ. The actual measured value is 1602 kJ. 

It is, therefore, much better to represent carbon dioxide as a resonance 

hybrid between the possible structures given on page 185. 

dividually_} Jipol | ; fioxide 1 Gage. 

moment. The resonance energy (p. 186) of carbon dioxide is 154.4 kJ, i.e. 

the difference between the measured and calculated heats of formation. 

b. Carbon monoxide. The electronic structure to be allotted to carbon 

monoxide, with carbon normally four-valent and oxygen two-valent, has 

always provided something of a problem. It is best represented as 

C=0 <> CxO 
I II 

The calculated bond distances for structures I and II are 0.122 nm and 

0.110 nm respectively, whereas the measured bond length is 0.113 nm. 
Carl ide} Jipol hich i i eee 

asboth structure I_and structure Il would have large dipole moments if 
the . { : ii id lly. 

The heat of formation of the C=O bond is 723.8 kJ, whereas the ob- 

served heat of formation for carbon monoxide is 1071 kJ, the resonance 

energy being 347.2 kJ. 

c. Dinitrogen oxide. A resonance hybrid between 

N<£=N=0O <> N=N>O 
I Il 

The calculated bond lengths for the various bonds involved in these 

structures are N=N, 0.120 nm; N=N, 0.110 nm; N=O, 0.115 nm; and 

N—O, 0.136 nm. The length of the molecule, which is linear, is 0.231 nm, 

the probable bond lengths being N—N, 0.112 nm and N—O, 0.119 nm. 
The dipol F dini ide i i ; iB 

structures must contribute almost equally. 

d. Nitrogen oxide. A resonance hybrid between 

ee xe 

*N*I0! ae ENF TOe 
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The observed bond distance is 0.114 nm. The bond length for the N—O 

bond would be expected to be 0.115 nm and for the N=O bond, 0.105 nm. 

e. The nitrate(v) ion. A resonance hybrid between 

alata D4 aie loans: <—>» O x <> vee ates 

~ The observed bond length is 0121 nm. Calculated bond lengths are 

N—O, 0.136 nm and N=O, 0.115 nm. The resonance energy is 188 kJ. 

f. The nitro group. A resonance hybrid between 

yh <—> ho 

‘No No 
The N—O bond lengths in a variety of nitro-compounds vary between 

0.121 and 0.123 nm. A single bond between nitrogen and oxygen atoms 

would give a bond length of 0.136 nm; a double bond would give 0.115 nm. 

1,4-dinitrobenzene has no.dipole moment, which indicates that the dipole 

moments in the two nitro groups must be equal in magnitude, but opposite 

in direction. The dipole moment of each nitro group must, in fact, act ina 

direction which bisects the ONO angle. The dipole moments of each of the © 

above structures would act along the direction of the dative bonds. 

g. The carbonate ion. A resonance hybrid between 

ae oe = 
O=C <_ ~- SS a Xo. heat 

The calculated bond length for the C=O bond is 0.122 nm and for the 
~C—O bond, 0.143 nm. The observed bond length in the carbonate ion is 
0.131 nm. The resonance energy is 176 kJ. 

h. The sulphate(v1) ion. In the sulphate(v1) ion, the four oxygen atoms are 
arranged around the central sulphur atom almost tetrahedrally. The 
measured bond distances are all equal to 0.151 nm. The calculated bond 
distance for single bonds between sulphur and oxygen atoms is 0.170 nm, 
and for double bonds, 0.149 nm. 

It is clear that there must be some double-bond character about the 
bonds in the ion, and it is best represented as a resonance hybrid between 
many various structures of which some typical ones are shown: 

|" fee teaameie oe iano cae eel s Jechiel 
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The last of these structures is probably the most important, but there are 

many similar ones because the double bonds may have alternative positions. 

10. The structure of benzene. Numerous suggestions have been made re- 

garding the structure of benzene. It is, nowadays, regarded as a resonance 

hybrid or as a conjugated system with a ratherspecial type of x-bonding. 

a. Resonance in benzene. The properties of benzene can be accounted for, 

reasonably satisfactorily, by regarding it as a resonance hybrid between 

the two well-known Kekulé structures with three possible Dewar structures 

making a small contribution. 

1 i i 
ee NaS ot ee 

Dreier | a \e/ Sea’ Nef en ne SN 

H H 
I II ONE OF THREE 

KEKULE STRUCTURES DEWAR STRUCTURES 

The bond length of a C—C bond would be expected to be 0.154 nm, 

and that of a C=C bond, 0.134 nm. The actual bonds between carbon 

atoms in benzene are all alike, with a bond length of 0.139 nm. 
The actual measured heat of formation of benzene is 5501 kJ, but the 

calculated heat of formation for structures I or II is only 5339 kJ. The 

resonance energy of benzene is, therefore, 162 kJ. A similar figure is 

obtained, too, from heats of hydrogenation. The expected heat of hydro- 

genation for structures I or II would be 359.1 kJ, i.e. three times the heat 

of hydrogenation of a C=C bond, given on page 303 as 119.7 kJ. The 

measured heat of hydrogenation of benzene is, however, only 208.4 kJ. 

The resonance energy, from these figures, is 150.7 kJ. 

Representation of benzene as a resonance hybrid does not postulate the 

existence of true C=C bonds in a benzene molecule, and this accounts for 

the lack of true unsaturation properties such as those shown by ethene. 

b. Benzene as a conjugated system. The benzene molecule may also be 

considered from the point of view of molecular orbitals. This method en- 

visages the electrons of each carbon atom in a benzene molecule as existing 

in a state of sp” hybrid orbitals, as in ethene (ethylene) (p. 178). Each carbon 

atom will have three coplanar sp? orbitals directed at angles of 120° to each 

other and a p-orbital at right angles to the plane of the three sp’ orbitals. 

For each carbon atom, one of the sp” orbitals forms a o-bond with a 
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hydrogen atom, and the other two’ form o-bonds with adjacent carbon 
atoms (Fig. 63). Each carbon atom still holds a p-orbital with an axis at 
right angles to the plane of the carbon atoms (Fig. 64). These six p-orbitals, 
one from each carbon atom, are pictured as interacting all round the ring 
and not just participating in any one particular bond. 

The resulting x-orbitals, pictured as charge-clouds both above and 
below the plane of the ring (Fig. 65), are said to be non-localised. The 

se ee 
Fic. 63 (left). The o-bonds in a benzene molecule. 
Fic. 64 (centre). The six p-orbitals at right angles to the plane of the 
carbon atoms in.a benzene molecule. 
Fic. 65 (right), Formation of non-localised x-orbitals all round the benzene 
ring. 

bonding between carbon atoms, on this basis, consists of a o-bond with 
some x-bonding. 

The interaction of x-bonds separated by o-bonds is known as conjuga- 
tion, and a system containing a —C—=C—C= — arrangement of bond- 
ing is known as a conjugated system. In all such systems, whether they be 
ring systems as in benzene or straight-chain systems as in buta-1,3-diene, 
the formation of non-localised m-orbitals affects the bond lengths, the bond 
energies and the chemical properties of the molecules concerned. 

11. The nature of the covalent bond. A picture of covalent bonding in terms of molecular orbitals, involving o- and m-bonding, has already been given. From the point of view of resonance, the nature of a covalent bond is best illustrated bya consideration of the covalent bond in a hydrogen molecule. 
The hydrogen molecule consists of two nuclei which will be distinguished as A and B, and two electrons, which will be called 1 and 2. Electron 1 may be associated with nucleus A or with nucleus B, and similarly for electron 2. When the two nuclei are far apart they may be represented as 

Structure I Hy? *3H Structure II H? 1H 

and a wave function can be calculated for each structure. 
If the two nuclei in structure I are brought near to each other, the electrons associated with each nucleus will interact and the corresponding energy change can be calculated from the wave functions. On plotting the energy of the system against the internuclear distance, line 2 in Fig. 66 is obtained. The same line shows the energy changes when the two nuclei in structure II are brought together. If, however, the two possible structures are combined together, i.e. resonate to give a resonance hybrid, and the wave functions are treated accordingly, the 
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change in energy of the system as the internuclear distance is varied is given by 

either line 1 Att 3 in Fig. 66. Line 1 results if the spins of electrons 1 and 2 are 

similar; line’3/if the spins are opposed. 
Only line 3 shows a pronounced minimum and this corresponds to the forma- 

Internuclear distance of Hydrogen atoms —>- 

Fic. 66. The energy charges as two hydrogen atoms come together. 

tion of a stable hydrogen molecule. The atoms are linked by a pair of electrons, 

with opposed spins, at an internuclear distance of x. 

The energy of the covalent bond in a hydrogen molecule is mainly due to the 

resonance energy between the two structures I and II, and this is so for any other 

covalent bond. 

(Questions on the contents of this Chapter will be found on pp. 205-7.) 



Chapter 19 
Metallic, hydrogen and van der Waals’ bonding 

THE nature of the bonding in the majority of chemicals can be described in 
terms of ionic or covalent bonds. The situation in metals requires, however, 
the postulation of a special type of metallic bond. There are, also, a 
number of hydrogen compounds in which hydrogen bonding seems to 
play a large part, and the bonding between molecules in molecular 
crystals, and in liquids, is thought to involve van der Waals’ forces. The 
nature of these three types of bonding will be discussed in this chapter. 

THE METALLIC BOND 

Metals have very distinctive properties and to account for them,_par- 
ticularly for the electrical conductivity, the idea of a special metallic bond is 
necessary..The general picture of the state of affairs in the crystal of a 
metal is that atoms of the metal are packed in a regular array within the 
_crystal'and that the atoms are surrounded by electrons which are relatively 
Mobile. The cause of the mobility of the electrons is interpreted in terms of 
the band model of electronic energy levels in metallic crystals. 

1. The band model. The arrangement of electrons in a single atom of 
sodium is : 

1s 2s 2p 3s - 
2 2 6 1 rc 

each electron being in a particular energy level. If two sodium atoms come 
close together, they will interact with each other so that the energy levels in 
each atom will be slightly affected. In a crystalline array of close-packed 
atoms, this interaction will cause the single, discrete energy levels of the 
single atoms to be replaced by bands of closely related energy levels. For 
two atoms there would be two levels within a band; for atoms there are 

-n possible levels. The bands must be regarded as belonging to the crystal as 
a.whole and not to any one individual atom._| i 

In a sodium crystal, then, » levels within the 1s band can be postulated x ON 
As each of the n atoms has two 1s electrons, all the » levels will be full, and 
this will be so, too, for all the levels within the 2s and 2p bands. For the 

_n possible levels in the 35 band, however, there are only n electrons, 
-whereas the band could hold 2n electrons. All the levels in the 3s band are 
not, therefore, full. As the energy difference between the levels in the 3s 
band are very small, these 3s electrons can move about within the 3s band 
very easily, In a crystal under_ordinary conditions, equal numbers of 3s 
electrons will move in all directions, but, under an applied potential 
difference, the electrons will move, preferentially, in one direction and a 
current will flow. It is this movement of electrons, within what is some- 
times known as a conduction_band, which accounts for electrical con- 
ductivity. 



Metallic, hydrogen and van der Waals’ bonding 197 

For a metal with an even number of valency electrons, e.g. Mg, 2.8.2, it 

might be expected that all the levels in the 3s band would be full because 

each atom contributes two 3s electrons. Magnesium is, however, still a 

good conductor and this is because some of the levels in the 3p band over- 

lap those in the 3s band and thus provide opportunities for movement of 

electrons. 
l Electrical conductivity is associated, then, with either partially filled 

bands or with the overlapping of an unfilled band with a full one._\ 

electrons to be ‘promoted’ into conducting bands with a consequent in- 
crease in conductivity or decrease in resistance. In general, however, the 

conductivity of a metal decreases with increase in temperature, i.e. the 
resistance increases. This is because increasing temperature produces in- 

creased thermal vibration within a metal crystal. This upsets the regularity 
within the crystal and interferes with the ease of movement of electrons 
through the crystal. It is rather like comparing movement through the 

ranks of a battalion of soldiers on parade with that through a London 

crowd. Similarly, the introduction of an impurity may upset the regular 
array and so cause increased resistance. The resistance of copper, for 

example, is greatly increased by even traces of impurities. 

2. Semi-conductors. Some pure and impure metals have rather low conductivities 
which increase with temperature. Such conductivity comes about in three different 
ways. ; 

a. Intrinsic semi-conductors. In magnesium there is an overlap between the 3s 
and 3p bands. In substances like germanium or grey-tin there is no actual overlap 

of bands but the energy difference between the highest filled band and the next 

empty one is very small. It might, therefore, be possible for an electron to gain 

enough energy to pass from the full to the empty band; conductivity would 

result. The chance of an electron in the full band being able to pass into the empty 

band would increase as the temperature increased, i.e. as the energy of the elec- 

trons increased. With these substances, called intrinsic semi-conductors, the 
conductivity therefore increases with increase in temperature. 

b. n-type semi-conductors. The_addition.of_an-impurity_to_a_metal_will_provide 

additional energy_levels, and, if these levels are correctly related to the bands 

within the pure metal, conductivity may result. 

If the impurity contains a full energy level which is just below that of an empty 

band in the pure metal, the electrons from the impurity might have enough 

energy to pass into the empty conducting band in the pure metal. This happens 

when arsenic or antimony are added to germanium. The passage of electrons 

from an energy level in the arsenic or antimony into one in the germanium causes 

the germanium to become negatively charged. It is, therefore, known as n-type 

germanium. 

c. p-type semi-conductors. If the impurity contains an empty energy level just 

above that of a full band in the pure metal, the electrons from the full band in 

the pure metal might be able to pass into the empty level of the impurity. This 
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happens when gallium or indium are added to germanium. Passage of electrons 
from the germanium to the gallium or indium causes the germanium to become 
positively charged. It is called p-type germanium. 

a 
LEZ) 

(a)Conduc- (6)Conduc- (c) Intrinsic (d) n-type 
tor,e.g. Na, tor,e.g.Mg, semi-conduc- semi-con- 
Cu, Ag. Ca. ‘tor, e.g. Ge. ductor,e.g. ductor, e.g. 

Ge + Sb. Ge + In. 

Fic. 67. Electrical conductivity. Full bands are shaded. 

(a) Conductivity due to partially filled band, 1. 
(6) Conductivity due to overlap of empty band, 2, with full band, 3. 
(c) Conductivity due to narrow gap between full band, 4, and empty band, 5. 
(d) Conductivity due to full band in impurity, 6, just below empty band 
in pure metal, 7. 
(e) Conductivity due to empty band in impurity, 8, just above full band in pure 
metal, 9. 

Semi-conductors of the m- and p-type have a conductivity which, like 
that of germanium, increases with temperature. They are of great im- 
portance in making transistors. 

The various types of conductivity are summarised in Fig. 67. 

THE HYDROGEN BOND 

3. Introduction._A hydrogen atom is normally monovalent and forms only 
one_bond, but in some compounds it appears to form two bonds. 

Hydrogen fluoride, for example, is known, from relative molecular mass 
measurements, to be associated, i.e. to exist as (HF),, and the acid salt, 
potassium hydrogendifluoride, KHF, is also well known and must be de- 
rived from the acid H,F,. 

Originally, (HF), and KHF, were formulated by assuming that hydrogen 
could act as an acceptor and form a dative bond with fluorine acting as 
the donor: Sa caret 

(H—F —> H—F —> H—F), K*t(F —» H—F)- 

There is, however, no reason to assume that a hydrogen atom can act as an 
acceptor in this way for it has only one stable orbit (1s). which can only 
hold two electrons, and the formulae written above give hydrogen four 

electrons. 
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The linkage previously represented as a dative bond is now regarded as a 

special type of bond known as a hydrogen bond. The mechanism of its 

formation is thought to be-electrostatic_The HF7 ion, for instance, is 

“I envisaged _as two negatively charged fluoride ions linked together by a 

positively charged hydrogen ion (proton). The proton is thought to be able 

to exert a sufficiently strong electrostatic attraction to do this because of its_ 

_small size. Hydrogen bonding is, indeed, sometimes called proton bond- 

ing. 

To distinguish a hydrogen bond it is best to write it as a dotted line so 

TEMPERATURE / °C 

MELTING POINTS BOILING POINTS 

Fic. 68. The abnormal melting and boiling points of water, 

hydrogen fluoride and ammonia. 

that the HFy ion becomes (F:--H—F)~, and, in general, when a 

hydrogen. bond links two atoms, A and B, the structure is represented_as 

A—H::::-B or as a resonance hybrid between A—H::::B and A:----H—B. 

That the electrostatic mechanism for the formation of a hydrogen bond 

is probably correct is shown by the fact that a hydrogen bond A—H:::B 

is formed most easily if A and B have high electronegativities. Thus the 

tendency of an A—H bond to forma hydrogen bond with another atom, B, 

increases rapidly from C—H through N—H and O—H to F—H, and it 

decreases in passing from O—H to S—H or from F—H to Cl—H. This 

shows that the bond A—H has the greatest tendency to form hydrogen 
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bonds when the ionic character of the bond is greatest, i.e. when the bond 
has the greatest polar character, A?- H+, 
Fluorine, with the highest electronegativity, forms the strongest hydro- 

gen bonds, a e those which unite two oxygen atoms. 
_The hydrogen bond is a weak bond, the strength of the strongest being 
about 20-40 kJ as compared with strengths of 200-400 kJ for normal 
covalent bonds (p. 180). 

4. Inter-molecular hydrogen bonding. Association. Examples of compounds 
in which a hydrogen bond is thought to be found between two, or more, 
molecules, with some of the evidence which points to the existence of such 
bonds are given below. 

a. Hydrides of fluorine, oxygen and nitrogen. The association of hydrogen 
fluoride has already been mentioned, and similar association is found in 

water and in ammonia. This shows itself in the 
H high di-electric constants of these three hydrides 

—c and also in their abnormal melting and boiling H H H—O . : 2 : | ms) : points as compared with other hydrides in the H—O-H ee same groups of the periodic table (Fig. 68). 
H _The high melting and boiling points are due 

Fig. 69.Hydiopen Bands oe caused by the _ formation of 
causing association jin hydrogen bonds, as shown, for water, in Fig. 69. 
water. Methane has normal values for its melting and 

boiling points. It is not associated, as carbon is 
not sufficiently electronegative to form hydrogen bonds. 

b. Ice. The crystal structure of ice shows a tetrahedral arrangement of water molecules similar to that found in the wurtzite structure (p. 184). Each oxygen atom is surrounded, tetrahedrally, by four others, and it is supposed that hydro- gen bonds link pairs of oxygen atoms together as shown in Fig. 70. The distance between adjacent oxygen atoms is 0.276 nm and this suggests that the hydrogen atom linking the two oxygen atoms together is not midway between them, for the O—H distance in water vapour is 0.096 nm and not half 0.276 nm. Distance measurements on other compounds, too, indicate that the hydrogen atom in a hydrogen bonded pair of atoms is not equidistant from the two atoms. 
The arrangement of the water molecules in ice is a very open structure and this _£xplains the low density of ice. When ice melts, the structure breaks down and the molecules pack more closely together so that water has a higher density. This breaking down process is not complete until a temperature of 4°C is reached and it is on these lines that the abnormal behaviour of water is explained, 

c. Alcohols. There is a marked difference between the boiling points of alcohols and the corresponding sulphur analogues (thiols or mercaptans), e.g. 
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CH;0H C,H;0H C3;H,OH 
Boiling point 

# C,H,.SH C3H7SH 

Boiling point s 3 67°C 

Alcohols are, therefore, thought to be associated in much the same way 

as water. 

s 

. 
A 
® 
2 

2 
= 

. 
. 

Fic. 70. The crystal structure of ice. The central oxygen atom, A, is surrounded 

tetrahedrally by the oxygen atoms, 1, 2, 3 and 4. All other oxygen atoms 

are arranged similarly. The hydrogen atoms are shown as small circles, and the 

dotted lines indicate the hydrogen bonds. 

d. Carboxylic acids. Some carboxylic acids associate into dimers, i.e. two 

molecules link together, both in the vapour state and in certain solvents. 

Partition coefficient measurements of the distribution of ethanoic (acetic) 

acid between water and benzene show, for instance, that the acid is 

present as a dimer in the organic solvent. This dimer is written as 

fi O—H coos O 

Use.c—c¢ Nc—cH; 
\O-+sH—-O/ 

and the presence of an eight-membered ring is confirmed by electron 

diffraction studies. Relative density measurements also show the presence 

of double molecules of ethanoic acid in the vapour state. 

‘In aqueous solution, the molecules_of a_carboxylic_aci
d_link_up with 

water molecules rather than form dimers. 

e. Amines. The association and basic strength of amines are both ex- 

plained in terms of hydrogen bonding. 

- 
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Primary and secondary amines are associated to some extent, though not 
greatly because nitrogen does not form hydrogen bonds very readily. 
Tertiary amines are not associated at all for they have no hydrogen atom 
capable of forming hydrogen bonds. Thus trimethylamine, which is not 
associated, has a lower boiling point (4°C) than dimethylamine (7°C) even 
though it has a higher relative molecular mass. 

In aqueous solution, amines react with water molecules as shown, 

H 
ee 

CH,;°’NH, + H,0 = ab ae =—= (CH,°NH;)+ + OH- 

H 

The resulting solution will contain some CH3°‘NH;0H molecules together 
with some CH;NH;+ and OH- ions. In a solution of a quaternary base, €.g. tetramethylammonium hydroxide, ((CH3),NJOH, however, there are no hydrogen atoms which could form hydrogen bonds. As a result the solution contains only (CH3),N* and OH- ions. This explains why quarternary bases are very much stronger than primary, secondary or tertiary amines. It was, in fact, the marked basic strength of quaternary bases which first led Moore and Winmill (1912) to suggest the possible existence of hydrogen bonds. 

5. Intra-molecular hydrogen bonding. Chelation. Association, as described in the preceding section, occurs when hydrogen bonding takes place be- tween two or more molecules, i.e. when there is inter-molecular hydrogen bonding. Hydrogen bonding may, however, also take Place within a single molecule; this is known as intra-molecular bonding. It may lead to the linking of two groups to form a ring structure. Such an effect is known as chelation, though the term is used in a wider sense (p. 481) and this is but one kind of chelation. Examples are provided by the substances mentioned below. 

a. 1,2-substituted benzene compounds. 2-nitrobenzenol (o-nitrophenol) boils at 214°C as compared with 290°C for 3- and 279°C for 4-nitro benzenol. 2-nitrobenzenol is, Moreover, volatile in steam, and niore soluble in water than the other two isomers. (2 All these facts can be accounted for on the assumption that 2-nitro benzenol contains an internal hydrogen bond represented as 

ieee 
G nO 
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This intra-molecular hydrogen bonding prevents inter-molecular bonding 

between two or more molecules. But in the 3- and 4-isomers, intra- 

molecular bonding is not possible because of the size of the_ring which 
would have-to_be-formed. Inter-molecular bonding therefore takes place, 

and this causes some degree of association, which accounts for the higher 

boiling points of the 3- and 4-isomers. 

The low solubility of 2-nitrobenzenol may be explained in two ways. The 

formation of an- internal hydrogen bond ‘suppresses’ the hydroxylic 

character of the compound and this causes a lowering of solubility in 

water. In other words, the formation of an internal hydrogen bond prevents 
hydrogen bonding between 2-nitrobenzenol and water and this results in 

reduced solubility. 
The effect of hydrogen bonding in 2-nitrobenzenol is also shown spectro- 

scopically. A normal —OH group is found to give rise to a particular line 

in the infra-red absorption spectrum of the substance concerned. The 

spectra of 3- and 4-nitrobenzenol show this line, but that of 2-nitrobenzenol 

does not. There is not the same difference between the three methyl ethers 

of the nitro benzenols because hydrogen bonding cannot take place in these 

ethers. 
Other compounds in which intra-molecular hydrogen bonding plays the 

same part as in 2-nitrobenzenol include 2-hydroxybenzaldehyde, 2-chloro- 

benzenol and 2-hydroxybenzoic acid.“ 

b. Ethyl 3-oxobutanoate. Ethyl 3-oxobutanoate (ethyl acetoacetate or aceto- 

acetic ester) exists in two tautomeric forms known as the keto- and enol-forms. 

CH; . Net ce —P> CH;°C—CH’COOC,Hs 

O H 
keto-form enol-form 

Meyer, in 1920, succeeded in separating these two forms by fractional dis- 

tillation under reduced pressure in specially cleaned quartz apparatus (aseptic 

distillation). 
Alcohols have, in general, higher boiling points than the corresponding 

ketones. Compare, for example, propan-2-ol (iso-propyl alcohol) (82°C) and 

propan-2-one (acetone) (56°C). But the enol-form of ethyl 3-oxobutanoate has 

a lower boiling point than the keto-form. This is probably due to intra-molecular 

hydrogen bonding in the enol-form which prevents inter-molecular bonding and 

thus prevents association which would raise the boiling point. This intra- 

molecular hydrogen bonding is represented as, 

Bre 
PEXe C—OC;H; 

The presence of such a bond is supported by the fact that the enol-form is less 

soluble in water, and more soluble in cyclohexane, than the keto-form. This 

indicates a suppression of hydroxylic character in the enol-form. 
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The hydrogen bond may be a weak one, but it is important and probably 
plays a major role in many biological processes. 

VAN DER WAALS?’ FORCES (iy wile, 
Electrostatic attraction holds the ions together in an ionic crystal, and 

covalent bonds hold the atoms together in an atomic or covalent crystal. 
The nature of the forces holding the molecules together in a molecular 
crystal are, however, of a different nature, as are the forces holding mole- 
cules together in a liquid. These forces are known as van der Waals’ forces 
after the man who first took them into account in modifying the gas 
equation (p. 73). 

6. Nature of the forces. When the molecules held together in a liquid or a mol- 
ecular crystal are polar in nature there will be a dipole-dipole attraction between 
the molecules when they are correctly orientated, and this is probably the main 
contribution to van der Waals’ forces in such cases. The forces in the gaseous 
state will be very small because the molecules are far apart. Nevertheless, the 
deviation of gases from ideal behaviour (p. 72) is at least partially due to such 
forces in the gaseous state. In the solid and liquid states the molecules are closer 
together and the dipole-dipole forces become strong enough to give some co- 
hesion to the liquid or solid. 

With non-polar substances, such as nitrogen, oxygen, the noble gases, carbon tetrachloride and benzene, there must still be some binding forces in the liquid and solid state. The molecules concerned are non-polar because they are sym- metrical, but slight displacement of the nuclei or the electrons in a molecule will give rise to an electrical dipole. It is thought that such a slight displacement -is constantly occurring within a molecule or an atom, The displacement is tem- porary and random, so that the molecule or atom as a whole, over a period of time, has no observable dipole. But if it has a dipole at any one instant it will induce another dipole in a neighbouring molecule or atom and an attractive 
force will be established between 
the two. The binding forces in 
non-polar liquids and solids are 
thought to originate from this 
cause. The forces concerned are 
relatively small, being ten to 
twenty times less than those in- 
volved in ionic or covalent bond- 
ing. Se 

— «- —— 

7. Graphite. Layer lattice struc- 
tures. Graphite (p. 221) provides 
a simple example of a crystal in- 
volving van der Waals’ forces. 
The crystal contains layers of 
hexagonally arranged carbon atoms, and, within the layers, the carbon atoms are linked by covalent bonds like those in benzene (p. 193). The C—C distance in one of the graphite layers is 0.142 nm as compared with 0.335 nm in benzene. 

Graphite. 



Metallic, hydrogen and van der Waals’ bonding 205 

Adjacent layers in graphite are held together, 6.335 nm apart, by van der 

Waals’ forces. The weakness of these forces allows the layers to slide over each 

other, which is why graphite is soft and acts as a lubricant. 

In cadmium chloride, Cd?+ ions are surrounded octahedrally by six Cl~ ions 

and the CdCl, groups are linked together into layers. Such layers are held 

together by van der Waals’ forces, as in graphite. Similar arrangements occur in 

many di- and tri-chlorides, bromides and iodides and in some sulphides and 

hydroxides. 
In the hydroxides_of zinc, beryllium, aluminium_and_iron(m), layers_are_held 

together by. hydrogen bonds (p. 198) instead_of van-der-Waals’ forces... - 

QUESTIONS ON CHAPTERS 15-19 

1. Cite briefly two pieces of evidence which help to indicate the real existence 

in matter of discrete entities described as atoms and molecules. 

Explain by reference to the theory of atomic structure what is meant by the 

terms (i) atomic number, (ii) isotope, (iii) neutron. 

Discuss how far the properties of the following compounds may be inferred 

from the modes of linkage of their component atoms: (a) magnesium oxide, 

(6) tetrachloromethane, (c) ammonium chloride, (@) copper(m) sulphate(vi)-5- 

water. (N. S.) 
2. In what ways are a sodium ion and a neon atom alike? How do they differ? 

3. Discuss the arrangement of valency electrons in the oxides of (i) nitrogen, 

(ii) sulphur, (iii) carbon. 

4. What is the arrangement of electrons in the following ions; Agt,' Ca*t, 

Fe?+, Hg’+, Al’+, Fe®+, Bis+? Which of these ions would you expect to be 

most readily formed from its atoms? 

5. Give the arrangement of electrons in the following ions: F~, Cl-, Br-, 

I-, O?- and S?-. Which of these ions is the strongest reducing agent? 

6. Hydrogen can form both an anion and a cation. Explain why this is so, and 

give examples of compounds containing hydrogen anions and of those containing 

hydrogen cations. 

7. Show the arrangement of valency electrons in the following compounds: 

ethane, ammonium bromide, potassium hexacyanoferrate(1), trichloromethane 

and nitric(v) acid. 

8. The number of water molecules attached to a hydrated cation in aqueous 

solution increases as the size of the cation, and its charge, increase. Illustrate 

this statement. 

9. Suggest a reasonable arrangement of bonds in the following ions: CO;7~, 

SiO,’-, NO3~, PO.3-, SO4’~, SO3’~, §,03?~, ClO3~, ClO,~. 

10. Show the probable arrangement of bonds in the following: BF3, NHs, 

SiH,, CIF, Ag(NH3;)2*, HCN, CH;°NC, CsHs*NO>. 

11. What is the arrangement of valency electrons in the following: H.S, PH:, 

BCl,, NH,*, the nitronium ion NO,*, the peroxide ion O,?~, the carbide ion? 

12. What is the probable arrangement of electrons in the following compounds 

of iodine: HI, Nal, ICI, IFs, IF;, I5~, CHs'I and NI3? 

13. Discuss briefly in electronic terms (a) the formation of ions of the type 

MO"- where 7 is 1, 2 or 3, (6) the existerice of a stable compound BCl3°NH3, 

and (c) the valency types shown in ammonium carbonate. 

14. What experiments would you carry out in order to try to decide whether 

a pure white solid was an ionic or covalent compound ? 

15. Explain what is meant by the terms covalence, electrovalence and co- 

ordinate valence. Illustrate your answer with one concrete example of each type. 
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Indicate the distribution of electrons in the electron ‘shells’ of the atoms of the 
elements X, Y and Z of atomic numbers 7, 19 and 35 respectively. Write elec- 
tronic formulae for the following: (a) the hydrides of X, Y and Z; (5) the reaction 
between the hydrides of X and Z; (c) the reaction between the hydride of Y and 
water; (d) the state of the hydride of Z in aqueous solution; (e) the compound 
of Y and Z; (f) the compound YXOs. (W.) 

16. Examine the ease of formation and stability of the Cut and Zn?+ ions 
from the point of view of Fajans’s rules. Why do you think it is that the Cut ion 
is found so rarely? 

17. State Fajans’s rules and illustrate their application. 
18. Fajans’s rules suggest that electrovalency is favoured by small ionic charge 

and by large cation radius. If Z is the charge on a cation, and r its radius, examine 
the statement that the oxide of a metal is basic if VZ, /r is less than 2.2, and acidic 
if V Z/r is greater than 3.2. 

19. Show how the electronic theory of valency provides an explanation of the 
regular variation of the valency of the typical elements in passing from group to 
group of the periodic classification of the elements. 

20. The first, second and third ionisation energies of sodium, magnesium and aluminium are tabulated below in kJ mol-?. 

Na 494 4561 6920 
Mg 732 1443 7680 
Al 377 1812 2745 

Comment on any significant points. 
21. Explain and illustrate the meaning of the terms electropositive and electro- negative. 
22. Calculate the expected volume occupied by a water molecule from (a) the bond angle and bond distances in a water molecule, (6) the fact that the density of water at 4°C is 1 g cm~3. Comment on the results. 
23. Account for the non-existence of the pentachlorides of nitrogen and bismuth. 
24. Certain elements of high relative atomic mass exhibit a valency two less than that which would be expected from their position in the periodic table. This is known as the inert pair effect. Give varied examples of its occurrence. 25. Suggest reasons for the following: (a) magnesium oxide has a much higher melting point than sodium fluoride, (6) anhydrous aluminium chloride is soluble in benzene whereas the hydrated form is insoluble, (c) liquefied hydrogen chloride is non-conducting, whereas a solution of hydrogen chloride in water conducts electricity. 
26. The oxy-acids exist as resonance hybrids. Give the arrangement of bonds in any one important canonical form of H2CO3, HNOs, H,SiO;, H3PO,, H.SO,, H.SO;, HCIO, and HCIO,. 
27. What experimental evidence would you try to obtain before deciding to regard a binary compound as a resonance hybrid between the two forms A=B and ASB? 
28. Give the main resonating structures of carbon dioxide, carbon monoxide, dinitrogen oxide, the nitrate(mm) ion, ozone O3, the nitride ion and benzene. 29. Give varied examples to show that it is an over-simplification to say that atoms combine in order to attain an octet of electrons in their outermost orbit. 
30. By considering the orbitals available for bond formation predict the tet arrangement of atoms in the following: NH,*, CH,, NH;, H,S and BCl. 
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31. ‘The tendency of electrons of like spin to avoid each other does more 
than any other single factor to determine the shapes and properties of molecules.’ 

Comment. 
32. The C—H bond lengths in ethyne, ethene and methane are 0.1057, 0.1079 

and 0.1094 nm respectively. Suggest a reason for these changes. 
33. Comment on the statement that all compounds of carbon, nitrogen, oxygen 

and fluorine, containing only o-bonds, can be regarded as tetrahedral molecules 

if lone pairs be considered as bonding electrons. 
34. If the first ionisation energy of hydrogen is taken as being 1 unit the values 

for the elements from helium to argon, inclusive, are 1.81, 0.40, 0.69, 0.61, 0.83, 

1.07, 1.00, 1.37, 1.59, 0.38, 0.56, 0.44, 0.60, 0.80, 0.76, 0.96 and 1.15. Plot 
these figures against atomic number, and comment on any points of significance. 

35. What type of bond hybridisation would you expect in simple compounds of 
(a) boron, and (6) beryllium? What effect would the hybridisation have on the 

geometry of the molecules concerned? 
36. What is meant by the statement that the ions of transitional metals only 

differ from the inert gas type of configuration in possessing some additional d 

electrons in excess of the configuration ns’np*? Illustrate your answer with 

examples. 
37. The fact that trans-butenedioic (fumaric) acid has a higher melting point 

than cis-butenedioic (maleic) acid, with which it is isomeric, can be accounted for 

in terms of hydrogen bond formation. How might this be done? 

38. m- and p-compounds differ markedly from the corresponding o-compounds 

in being (a) less volatile, (6) more miscible with water, and (c) less miscible with 

benzene. Illustrate and explain this statement. 

39. How would you expect intermolecular hydrogen bonding to affect (i) the 

molecular weight, (ii) the parachor, (iii) the boiling point, (iv) the vapour pressure 

(v) the surface tension of a compound ? Use these criteria to discuss the possibility 

of hydrogen bonding in water. 
40. How do you think hydrogen bonds might be formed in (a) chlorobenzenol, 

(b) the enol form of ethyl 3-oxobutanoate, (c) 2-hydroxybenzylaldehyde, (d) 2, 2, 

2-trichloroethane-1, 1-diol or chloral hydrate, (e) a-acetylaminoacetamide? 

41. Illustrate the meaning of hybridisation by considering the bonding in the 

following substances: BeCl,, BF3, CF4, PFs, SF. and IF. 

42. Suggest reasons why the nitrate(v) and carbonate ions are planar whilst 

the chlorate(v) ion is pyramidal. 

43. Compare the nature of the bonding in (a) benzene and borazole, B3N3H., 

(6) graphite and boron nitride, (c) sulphur dioxide, nitrogen dioxide and carbon 

dioxide, (d) sulphur dichloride oxide or thionyl chloride, sulphur dichloride 

dioxide or sulphuryl chloride and phosphorus trichloride oxide or phosphorus 

oxychloride. 
44. What part does electronegativity play in deciding oxidation numbers? 

45. The measured dipole moments of the hydrogen halides are given below in 

C m units 

Hydrogen halide HF HCl HBr HI 

Dipole moment 6.371 23.436 2.602. -5 1.268 

(x 10°°) 

Comment on these figures. Taking the charge on an electron as 1.602 x 10“ C 

and the bond distance in hydrogen chloride as 1.29 x 10-2° m, estimate the 

ionic character of the bond in hydrogen chloride. 

46. Examine the statement that bonds are to be regarded as ionic when the 

electronegativity difference between the two bonded elements is greater than 1.7. 



Chapter 20 

Crystal structure 

1. Crystal systems. The crystals of a given substance have plane surfaces, 
known as faces, and the angle between the faces is constant, however 
irregularly the crystal may have grown. Different crystals of the same sub- 
stance may not look alike, because different faces can grow at different 
rates, but the corresponding faces always intersect at the same angle. 
Moreover, cleavage or splitting of a crystal occurs along definite planes so 
that the same interfacial angles are found even when a crystal is split. 

The number of different crystal shapes is large, and some substances can 
crystallise in two or more different forms. Sulphur, for example, forms 
crystals of «- and 8-sulphur, under different conditions, and sodium 
chloride, which usually forms cubic crystals, gives octahedral crystals in 
the presence of carbamide (urea). Crystalline shape may, too, be affected by 
temperature. Ammonium chloride, for example, gives one type of crystal 
below its transition temperature, and another above. This occurrence of 
the same chemical substance in different crystalline forms is known as 
polymorphism or allotropy if only elements are concerned (p. 217). 

The wide variety of crystals may be classified into seven crystal systems, according to the set of axes which must be used to characterise the crystal faces. A crystal which is a perfect cube, for example, can be characterised by three axes, at right angles to each other, and with a = b = c. On this basis, the seven crystal systems may be summarised as follows, where « is the angle between 5 and c, B that between a and c, and y that between a and b. 

Maximum no. System Angles of planes of Example 
symmetry 

Cubic 
Tetragonal ; 
Orthorhombic . 
Monoclinic 5 
Rhombohedral 

or trigonal 
Hexagonal 
Triclinic . 

Sodium chloride 
White tin 
Rhombic sulphur 
Monoclinic sulphur 

Calcite 
Quartz 
Copper(i) sulphate 

aARaAd ThYh I Hl 

Se Soe 

aa00 thth th Il 

RRA Ho dl tht Il 290 

Each system includes a number of forms or classes. The cubic system, for example, includes the cube and the regular octahedron. Crystals in each system have a maximum number of planes of symmetry, and other symmetrical features based on axes and centres of symmetry. The detailed symmetry of the forms or classes within one system vary, and there are, altogether, thirty-two crystal forms or classes. ‘ 

2. Space lattices and unit celis, The external shape of a crystal, and its symmetry, reflect an orderly array of particles within the crystal. These particles may be ions, atoms or molecules, and the arrangement of these structural units within the crystal is represented by a space lattice or a unit cell. 
A space lattice is a regular pattern of points, the points representing the positions of the structural units which, when in position, make up the 
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crystal structure. The space lattice extends in all directions, but it is only 

necessary to consider a specimen portion of it, which is representative of 

the whole. Such a portion is known as a unit cell. It is defined as the smallest 

portion of a space lattice, which, by moving a distance equal to its own 

‘dimensions in various directions, can generate the complete space lattice. 

The simplest unit cells (Fig. 71) are based on a cube as shown below: 

Cubic Body-Centred Face-Centred 

Cubic Cubic 

eae 

yal 

Tetragonal Monoclinic 

Fic. 71. Simple unit cells. 

a. Simple cubic. This unit cell has points at each corner of a cube. 

b. Body-centred cube. This has points at each corner of a cube and a point 

at the centre of the cube. 

c. Face-centred cube. This has points at the corner of a cube and at the 

centres of each face of the cube. 

Other unit cells may be regarded as derived from cubic cells by modifica- 

tion of edge lengths and/or by skewing. 
Simple tetragonal and monoclinic 

unit cells are shown in Fig. 70. 

3, Binding forces in crystals. The structu
ral units which occupy the points in 

a space lattice of a crystal are held together by 
different kinds of forces in 

different substances. 

Crystals made up of ions and held together by electrostatic forces are 

called ionic crystals (p. 169). Crystals made up of molecules held together 

by weak, van der Waals’ forces, are called molecular crystals (p. 161). 

Crystals made up of atoms held together by covalent forces are called 

atomic or covalent crystals (p. 182). 
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Metallic bonding (p. 196) occurs in crystals of metals, and hydrogen 
bonding is also found in some crystals (p. 201). 

4. Isomorphism. Substances which from very closely related crystals are 
said to be isomorphous, but it is not always very easy to decide when two 
substances are isomorphous. The term, moreover, is used somewhat 
loosely, for it originated from a consideration simply of the external form 
of crystals, and it was associated, by Mitscherlich’s law of isomorphism, 
with chemical composition. 

It is now realised that the requirement for isomorphism is similarity of 
internal structure, and, on this basis, isomorphous substances are defined 
as substances forming crystals in which geometrically similar structural units 
are arranged in similar ways. 

Various criteria have been adopted to decide whether substances are 
isomorphous, as described below, but they must be used with some caution. 

a. Similarity of external erystalline form. Different crystals may exhibit 
the same external symmetry and yet have different internal structures. If 
external symmetry be taken as the criteria, such crystals are isomorphous, 
but they are not isomorphous so far as their internal structure is concerned. 
The alums, for example, are often quoted as isomorphous sub- 

stances. They have a general formula M 2SO,°M3*(SO,);:24H,O or M*M?*(SO,),°12H,O, where M+ stands for a number of monovalent ca- tions such as Nat, K+, Rb*+, Cs* and (NH,)*, and M+ stands for certain trivalent cations such as Al’+, Cr*+ and Fe'+, 
The crystals of different alums are all very much alike, and exhibit the same external symmetry, but the interfacial angles do vary a little. This is because the ions in different alum crystals are of different sizes, and the slight distortion caused means that there are really three groups of alums with slightly different internal structures. The four commonest alums, listed below, are, however, all in the same group, so that they are definitely isomorphous, 

K,S0,°Al,(SO,)3;:24H,O K,SO,°Cr.(SO,)3°24H,O 
POTASH ALUM CHROME ALUM 

(NH,)2SO,°Al,(SO,)3'24H,O (NH,4)2SO,'Fe,(SO,);°24H,O 
AMMONIUM ALUM IRON ALUM 

Similarly, although the interfacial angles of calcium carbonate (calcite), iron(i1) carbonate (chalybite) and Manganese(i) carbonate (dialogite) vary a little, the crystals have the same external symmetry, and the same internal arrangement, and are, therefore, isomorphous. 
b. Similarity of chemical constitution. Mitscherlich’s law of isomorphism (1819) stated that substances which have similar chemical compositions are isomorphous. 
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This is true in such substances as the alums and the carbonates listed in 

a., and also in the two series of simple sulphates(v1): 

K,SO, Rb.SO, Cs,SO, (NH 4)2904 

ZnSO,°7H,O0 MgS0O,°7H,0 NiSO,:7H,O 

but there is not necessarily any relation between chemical composition and 

isomorphism. 

Very similar chemicals need not be isomorphous, e.g. caesium chloride and 

rubidium chloride; and compounds with no real chemical resemblances may be 

isomorphous. Calcium carbonate and sodium nitrate(v), or barium sulphate(v1) 

and potassium manganate(v1) (permanganate), for example, are isomorphous 

because their crystals are made up of positive and negative ions of the same 

geometrical shape and comparable sizes. Similarly all substances with a sodium 

chloride crystal structure are isomorphous and these include such compounds 

as lead(11) sulphide, calcium oxide, calcium carbide, scandium nitride, and silver 

chloride as well as the halides of lithium, sodium, potassium, rubidium and cae- 

sium (excepting the chloride bromide and iodide of caesium). 

c. Formation of overgrowths. A crystal of potash alum can be overgrown 

on top of a crystal of chrome alum, and vice versa. Similarly, sodium 

nitrate(v) can be grown on top of a calcite (calcium carbonate) crystal. 

It is, in fact, fairly common for isomorphous substances to give over- 

growths, but the formation of such overgrowths will only occur within 

certain structural limits. Potassium sulphate and caesium sulphate, though 

isomorphous, will not form overgrowths because the Cs* ion is so much 

bigger than the K* ion (p. 168). But rubidium and caesium sulphates, or 

rubidium and potassium sulphates, will form overgrowths. 

d. Formation of mixed crystals or solid solutions. The crystals formed 

from a solution containing both potash and chrome alums will contain 

Cr+, A+ and SO,?~ ions within a single crystal structure, the proportion 

of Cr+ or Alt being variable over a very wide range depending on the 

composition of the original solution. 

The crystals are known as mixed crystals, though this is something of a 

misnomer. There is only a single crystal containing a random arrangement 

of Cr’+ or A+ ions, and not a mixture of crystals of potash alum with 

crystals of chrome alum. The term solid solution is, therefore, a useful 

alternative. 

In the mixed crystals, Cr?+ and Al** ions are interchangeable. When 

two substances crystallise with identical space-lattices it is to be expected 

that points in the lattice might be occupied by alternative structural units 

from the two substances so long as the geometrical difference between the 

structural units is not too great. One unit can simply replace another 

similar one without affecting the crystal structure. 

Thus, potassium chloride and potassium bromide form a continuous 
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series of mixed crystals, i.e. they are miscible in all proportions, as the Cl- 
and Br~ ions only differ in size by about 8 per cent. Potassium chloride and 
potassium iodide, however, have a difference in size between CI- and I- 
ions of about 21 per cent, and only partial solid solution occurs. 
Isomorphous substances commonly form mixed crystals, but they do not 

necessarily do so. Potassium chloride, for instance, will not form mixed 
crystals with lead(m) sulphide. Moreover, substances which form mixed 
crystals, e.g. calcium fluoride and yttrium fluoride or silver bromide 
and silver iodide, are not necessarily isomorphous, or even chemically 
similar. 

5. Other types of mixed crystals. The random replacement of one ion by another in the mixed crystals formed from potassium chloride and potassium bromide gives rise to what are sometimes referred to as substitutional solid solutions. Other crystal structures can be formed in which atoms or ions get ‘trapped’ in spaces between the structural units of a regular crystal lattice. This gives rise to interstitial solid solutions. It is also possible to obtain crystals in which some of the sites for structural units are vacant. 
Some examples of these, and related, types of crystal are given below. Some of the products which can be formed are very surprising. 

a. Metallic hydrides. Many transitional metals can absorb large amounts of hydrogen, and the absorbed gas can generally be liberated by pumping at a high enough temperature. During the absorption, the crystal lattice of the metal is expanded but not greatly distorted and it is thought that the small hydrogen atoms are situated between the metallic atoms in interstitial compounds. The amount of hydrogen absorbed varies with the conditions but hydrides with ‘formulae’ such as TiH,.73, TaHo.76, CeH2,s, LaH2,., and VHo.6 have been re- ported. 

b. Iron) sulphide and iron(!) oxide. Tron(m) sulphide, commonly used as an example to illustrate the validity of the law of constant composition (p. 4), has, in fact, a variable composition. Chemical analysis of different crystalline speci- -Mens show that they vary in composition from FeS to FeS,.14. Such ‘formulae’ suggest that the crystals contain excess sulphur and that they may be interstitial in nature, but density measurements show quite clearly that the crystals are really deficient in iron so that the formulae variation of FeS to Feo.ggS is perhaps preferable. To maintain an electrical balance within the crystal, some of the Fe?+ ions are converted into Fe*+ ions. 
Similarly, crystalline iron(n) oxide shows a composition varying from FeO, oss to FeO; 19, again because of a deficiency of iron. Pure iron(m) oxide, with exact composition represented by FeO, is not known. 

c. Graphitic compounds, Graphite, with its layer-lattice structure (p. 204), can form a number of ‘compounds’ in which other atoms or molecules take up a position between the layers of carbon atoms in the graphite structure. Graphite absorbs liquid potassium, for example, to form ‘alloys’ with detect- able compositions represented by KC;, KC,., KC,, and KC,o. Graphite also reacts with strong oxidising agents, such as nitric acid or potassium chlorate, to form graphitic oxides with compositions varying from C,.40 to C3.,O. Similar ‘compounds’ are formed between graphite and fluorine, e.g. (CF),, and between graphite and acids such as sulphuric acid, e.g. C24HSO,:2H,SO,. 
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d. Clathrates. Benzene-1, 4-diol, quinol, CsH,(OH)2, crystallises from an 

aqueous solution, in the presence of argon at 40 atmospheres, with a structure in 

which an atom of argon is ‘trapped’ inside a ‘cage’ of hydrogen-bonded quinol 

molecules. The argon can be liberated by melting or dissolving the crystalline 

product. The ‘compound’, known as a clathrate, has a fomula [C5H4(OH)2]3A. 

Xenon, krypton, hydrogen sulphide, hydrogen chloride, hydrogen cyanide, 

sulphur dioxide and carbon dioxide, all with molecules of the correct size to fit 

inside the benzene-1, 4-diol, ‘cage’, form similar clathrates. 

Benzene molecules can also be ‘trapped’ by shaking with an ammoniacal 

solution of nickel(m) cyanide. The resulting clathrate compound has a formula 

Ni(CN)2°NH3°C.Hg. 

X-RAY ANALYSIS OF CRYSTALS 

6. Diffraction of light. When a beam of light is passed through a diffraction 

grating, which consists of a large number of very fine opaque lines, parallel 

to each other and of equal width, 
Incident Light drawn on a piece of glass, a series of 

| | | | spectra can be observed on either side 

of the original path of light. If mono- 

B chromatic light is used, the spectra are 

\ ee replaced by a series of bright images on 

ea a dark background. 

ue A small portion of a grating is shown 

1 in Fig. 72. If monochromatic light of 

wavelength is incident perpendicu- 

larly on the upper face of the grating 

' all the clear spaces act as secondary 

sources of light and emit rays in all 

directions. The rays in any one direc- 

tion from each of the spaces will inter- 

fere with each other. In simple terms, where a crest of one wave coincides 

with a crest of another the resulting displacement will be increased, i.e. the 

light will be brighter, Similarly, when a crest of one wave coincides with a 

trough of another there will be no resultant displacement, i.e. there will be 

no visible light. The conditions leading to maximum or zero displacements 

are summarised in Figs. 73 and 74. 

The ray from A will reinforce the ray from B to give a maximum dis- 

placement only if the distance AC is equal to nA, where n has any integral 

value. As AC is equal to ABsin 6, and AB is equal to the spacing of the 

grating, d, it follows that, for reinforcement, 

Fic. 72. A small portion of a diff- 

raction grating. 

dsin 9 = nd 

If the grating has 550 lines to the mm, then AB(d) is equal to approxi- 

mately 1.81 x 10~-* mm. If the wavelength of light used is 5.8 x 10-* mm 
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Mee A 

Source A SOE OO 

Soiree’ B SOOO OOO ee 

Resultant PaTRR DO 

Fic. 73. Reinforcement of one source by another. 

Source A 
aN 

Source B  OPRe 

Resultant —_—_—_—_—_—— 

Fic. 74. Neutralisation of one source by another. 

(yellow light), then sin 8 = 0.3197n the values of @ given by n = 0, +1, 
+2 and +3 being 0°, +18° 39’, +-39° 45’ and +73° 33’ respectively. 
The light emerging from such a grating, if viewed through a movable 

; telescope, will show up as a series Grating of bright and dark lines as in Fig. 
75 where bright lines are indicated 
by B and dark ones by D. 

7. Diffraction by X-rays. In 1912, 
Laue suggested that X-rays should 
be diffracted in the same way as 

B light waves, if they were electro- Fic. 75, magnetic waves of short wave- 
length, so long as a diffraction grating with a small enough spacing could be found. A crystal with a regular array of lattice planes was considered to be capable of acting as such a grating, and Friedrich and Knipping found that this was so. They passed a beam of X-rays through a thin section of a zinc blende crystal, and on photographing the emergent rays they found that the plate showed a bright central spot surrounded symmetrically by other bright spots caused by diffraction of the X-rays. 

This original diffraction of X-rays was a diffraction of transmitted rays, but it is rather easier, both theoretically and experimentally, to treat the diffraction of reflected X-rays, 

1 
! 
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' 
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| 
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The atoms or ions in a crystal are arranged in a series of planes, and the 

lines KL and MN in Fig. 76 may be taken as representing two such parallel 

planes. When a beam of X-rays is incident at a glancing angle of @ some 

reflection takes place at each plane and diffraction is caused by the inter- 

ference of the reflected rays. The path difference between the reflected rays 

from KL and those from MN is equal to AYB. Taking the distance between 

the two planes as d, it follows that AY is equal to dsin 9. For the reflected 

Reflected 
rays 

Incident 
rays 

Fic. 76. 

rays to reinforce, the necessary condition is that AYB (the path difference) 

must be equal to an integral number of wavelengths. If, therefore, the 

wavelength of the X-rays which are used is A, the condition for reinforce- 

ment is that 

nA = 2dsin @ 

This is the basic relationship of X-ray analysis of crystals. It is generally 

referred to as the Bragg equation. 

8. Outline of experimental methods. The general idea behind the X-ray analysis of 

crystals is easy enough to understand. By reflecting X-rays of known wavelength 

from parallel lattice planes, and by measuring the values of the glancing angles, 
and the values of n, which give rise 
to maxima in the intensity of the 
reflected X-rays, it is possible to 
measure values of d, i.e. the distance 
between the parallel lattice planes. 
This can be done for different lattice 
planes so that the internal dimensions 
of the crystal can be obtained. 

The various experimental methods 
for putting these principles into prac- 
tice are outlined below. In no case is 
the interpretation of the results at all 

Fic. 77. Some of the parallel planes in easy. In particular, the problem is 

a typical crystal structure. complicated by the presence in a 

crystal of many parallel lattice planes. 

A two-dimensional representation of a crystal structure as shown, for example, 

in Fig. 77, has, amongst others, the three sets of parallel planes shown. In in- 

terpreting the experimental data, however, some assistance is provided by the 

fact that a plane which is thickly populated with ions or atoms is much more 
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effective in reflecting X-rays than one in which the atoms or ions are more thinly 
spread. The intensity of the reflected X-ray beams can, therefore. assist in the in- 
terpretation of the experimentai results. 

Laue’s method of passing X-rays through a crystal has been largely superseded 
by reflection methods, summarised below: 

a. Bragg’s X-ray spectrometer. In this instrument, which looks very much like 
an optical spectrometer, a narrow beam of monochromatic X-rays is allowed to 
fall on a single crystal so mounted that the X-ray beam is incident on one of the 
important crystal faces. The reflected beam of X-rays is passed into an ionisation 
chamber which can be rotated around the crystal. When the ionisation chamber 
is in the correct position in relation to the crystal and the incident beam, the 
reflected X-rays cause ionisation so that there is a flow of current, which can be 
measured on an electrometer, dependent on the intensity of the X-rays. A series 
of current maxima is obtained as successive values of in the Bragg equation are 
attained with the ionisation chamber in different positions. From the values of 
n, A and 6, the distance between the lattice planes, d, parallel to the face of the 
crystal exposed to the X-rays can be obtained. By making observations with the 
crystal in different positions, other d values for other planes can also be found. 

Bragg’s method provides a lot of detailed information about the internal 
dimensions of a crystal, but a large number of readings have to be taken and it 
requires the use of a fairly large crystal with well-defined faces. Other methods 
overcome these difficulties. 

b. Rotating crystal method. In this method, a small crystal is mounted so that it 
can be rotated about a vertical axis parallel to one of the crystal axes. A narrow, 
horizontal beam of monochromatic X-rays is allowed to fall on the rotating 
crystal. For certain positions of the crystal, the relationship mA = 2dsin @ will be 
satisfied, and corresponding spots can be recorded on a circular photographic 
film. By taking three photographs with the crystal rotating about three different 
crystal axes, the crystal structure can be obtained, but the interpretation of the 
photographs is difficult as a number of diffraction patterns from the rotating 
crystal are recorded simultaneously. 

This is, however, the commonest technique used for investigating crystal 
structure. 

c. Oscillating crystal method. If the crystal in method b. is rotated through a full 
360° a large number of spots are recorded on the photograph. To limit the 
number, and facilitate interpretation, a crystal is oscillated through an angle of 
10° or 20° about a vertical axis. This limits the number of diffraction patterns formed. Interpretation of the photographic record can also be simplified by 
oscillating the photographic film in the same way as the crystal. 

d. Powder method. Methods a., b. and c, all require single crystals, even though b. and c. can be used with small crystals. In this method, a fine crystalline powder 
can be used. 

The powder, contained in a thin-walled glass capillary, deposited on a fibre, or moulded into a wire, is rotated about a vertical axis in a horizontal beam of monochromatic X-rays. The crystals in the powder are orientated in all directions, but there will always be some crystals at the correct angle to the incident X-rays for diffraction for each set of lattice planes. The different diffraction patterns are recorded on a surrounding, cylindrical strip of film. 
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POLYMORPHISM AND ALLOTROPY 

9. Polymorphism. Substances which can crystallise in more than one form 

are said to be polymorphic. If the number of crystalline forms is two, they 

are dimorphic; if three, trimorphic; and so on. The term polymorphic 

applies to crystalline forms of both elements and compounds, but the term 

allotropy is also used to describe different forms of the same element, in the 

same state, whether they be crystalline forms or not. Polymorphism, then, 

includes all cases of allotropy caused by variation in crystalline form, but 

some examples of allotropy, e.g. ozone and oxygen, are caused by different 

arrangements of atoms in molecules and do not involve crystal structure 

at all. 

The crystals formed by polymorphic substances have structures which 

can readily change to another type, particularly if the temperature is 

changed. In some cases the change takes place at a definite temperature 

known as the transition temperature. 

When the change can take place reversibly, i.e. when one form of the 

substance is stable above the transition temperature and the other form is 

stable below it, the type of polymorphism is known as enantiotropy, from 

the Greek meaning opposite change. When the change is not reversible and 

can only take place in one direction the polymorphism is known as mono- 

tropy, from the Greek meaning one change. In monotropic substances there 

is no definite transition temperature, and one form of the substance is more 

stable than the other. The unstable form will change into the stable form at 

all temperatures, but the change may be very slow. So slow, in fact, that the 

unstable form can sometimes be kept for a very considerable time in what is 

known as a metastable condition (p. 526). 

The distinction between enantiotropy and monotropy is made clearer by 

a consideration of vapour pressure-temperature curves as given for sulphur 

and phosphorus on pp. 219-20. 

10. Examples of polymorphic compounds. The following are some examples 

of common polymorphic substances. 

a. Mercury(m) iodide. Red mercury(m) iodide turns yellow on heating, the 

transition point being 126°C. The yellow form does not immediately revert 

to the red form on cooling for it can be kept in a metastable state, which 

passes over into the red form slowly, on standing, or quickly if disturbed by 

touching. The yellow crystals of mercury(m) iodide are rhombic; the red 

ones are tetragonal. 

b. Zinc oxide. Zinc oxide, which can form crystals with the zinc blende 

or wurtzite structures (p. 183) is white at room temperature but changes 

into a yellow form above 250°C. 
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c. Ammonium chloride. Ammonium chloride forms crystals with a caesium 

chloride structure (p. 171) below the transition point of 184.3°C, and 

crystals with the sodium chloride structure (p. 170) above the transition 

point. 

d. Ammonium nitrate(v). This salt has five polymorphic forms with transition 
temperatures as shown, 

—18°C 32.5°C 84.2°C 125°C 
VV a ee 

The polymorphism of ammonium compounds is due to the rotation of the ions in 

the crystal which enables them to take up different positions in relation to each 
other. 

e. Silicon (1v)oxide, silicon dioxide, or silica. This can exist in three crystalline 
forms, 

870°C ; __1470°C 
Quartz == Tridymite === Cristobalite 

All three forms are stable and all occur naturally. 

Other polymorphic compounds include ammonium bromide, iodide and 

sulphate, caesium chloride (which changes to a sodium chloride structure 

at 460°C), calcium carbonate (forming calcite and aragonite structures), 
and zinc sulphide (with zinc blende and wurtzite structures). 

11, Allotropy. When an element exists in two or more forms, in the same 
state, it is said to exhibit allotropy. When the forms have different crystal 
structures the elements are, really, polymorphic, and the allotropy they 
exhibit can be either enantiotropy or monotropy (p. 217). The commonest 
examples are: 

Enantiotropic elements: Sulphur and Tin 
Monotropic elements: Phosphorus and Carbon 

Allotropy may also be caused by differences in the arrangement of 
atoms in molecules, as with oxygen and ozone (trioxygen). 

a. Enantiotropy of sulphur. Two crystalline forms of sulphur, rhombic(«) 
and monoclinic(8), are known to exist, and they are both stable under cer- 
tain conditions of temperature and pressure. At the transition point, 
95.5°C, both rhombic and monoclinic sulphur can co-exist, but at higher 
temperatures all rhombic sulphur changes into monoclinic sulphur, and at 
lower temperatures all monoclinic sulphur changes into the rhombic form. 
The changes are not, however, very rapid. 

9, 95,5°C 120°C 
Rhombic («) S == Monoclinic (8) S ===> Liquid S 

The complete vapour pressure-temperature diagram for sulphur is given 
on p. 526. In considering the allotropy, only the vapour pressure-tempera- 
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ture curves of rhombic, monoclinic and liquid sulphur need be considered, 

and these are given in Fig. 78. 
Slow heating of rhombic sulphur will change it to monoclinic sulphur at 

the transition temperature, and further heating will convert the monoclinic 

sulphur into liquid sulphur at the melting point of monoclinic sulphur, 7;. 

On slowly cooling liquid sulphur, the reverse changes will occur. 

VAPOUR PRESSURE ———> 

Transition 

TEMPERATURE ————>- 

Fic. 78. Vapour pressure-temperature curves for rhombic, monoclinic and liquid 

sulphur, typical of an enantiotropic system. Compare Fig. 79, p. 220 and Fig. 171, 

p. 526. 

If rhombic sulphur is rapidly heated, however, the dotted curve, ABC, 

will be followed, as the transformation to monoclinic sulphur will not take 

place quickly. Rhombic sulphur will then be found to melt at 7;. Similarly, 

rapid cooling of liquid sulphur may cause the curve, CBA, to be followed, 

with rhombic sulphur being formed direct from the liquid form. 

It will be seen that the transition temperature is below the melting points 

of both allotropes. This is always so for substances exhibiting enantio- 

tropy, and the pressure-temperature curves given for sulphur are typical of 

those for any enantiotropic system. 

b. Enantiotropy of tin. Tin has three solid allotropes, with two transition points, 

as summarised below: 

ye ASC frase eC lean’ ahd 

Grey tin === White tin —— Rhombic tin ===> Liquid tin 

The main point of interest is that the density of grey tin is smaller than that of 

white tin. When, therefore, white tin changes into grey tin the increase in volume 

causes the metal to expand and crumble in places. The effect is known as tin 

plague. Grey tin is formed only in the severest persistent winter conditions as the 
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change from white tin is slow and as white tin can exist below the transition 
point in a metastable condition. 

c. Monotropy of phosphorus. The allotropes of phosphorus are red and 

white phosphorus, but only red phosphorus is stable. White phosphorus 

slowly changes into red phosphorus at any temperature, so there is no 

transition point. At room temperatures the change from white to red is so 

very slow that white phosphorus can be kept in a metastable condition for 
a considerable time. The change to the red form takes place in a matter of 
days, however, at 250°C, and it can also be speeded up by adding a catalyst 
such as iodine. Red phosphorus cannot change directly into white phos- 
phorus. 

The vapour pressure-temperature curves are shown in Fig. 79. The 

VAPOUR PRESSURE ——> 

Hypotheticu/_ 
transition temp. 

TEMPERATURE ———> 

Fic. 79. Vapour pressure-temperature curves for white, red and liquid 
phosphorus, typical of a monotropic system. Compare Fig. 78. 

curve for white phosphorus lies above that for red. This means that the 
vapour pressure of white phosphorus at any temperature is greater than 
that of red phosphorus. 

If red phosphorus is heated it will melt at T; into liquid phosphorus. If 
white phosphorus is heated it will melt at T, to form liquid phosphorus. If 
liquid phosphorus is rapidly cooled, white phosphorus will be formed. 
Thus, to convert red phosphorus into white it is necessary to melt, or 
vaporise, the red form and to cool the resulting liquid or vapour quickly. 

The transition point between red and white phosphorus has no real 
meaning for it lies at a temperature above the melting points of the two 
allotropes, i.e. at a point when they have both ceased to be solid allotropes 
at all. This is typical of all monotropic systems, which also have vapour 
pressure-temperature curves like those of phosphorus. 



Crystal structure 221 

As red phosphorus is the stable form it has a lower energy content than white 
phosphorus, i.e. energy has to be put into red phosphorus to convert it into the 
white form. The amount of energy can be obtained from measurements of the 
heats of combustion of the red and white allotropes, as follows: 

P, + 50,—>P,0O,;, AH = —3012 kJ 
(white) 

P, + 50,—>P,0;, AH = —2939 kJ 
(red) 
Pi Ps AH = —73.64 kJ 

(white) (red) 

It is characteristic of the unstable form, i.e. white phosphorus, (a) to have 

a higher energy content, (6) to exert a higher vapour pressure at any 

temperature, and (c) to be more soluble. 

d. Monotropy of carbon. The allotropes of carbon are diamond and 

graphite, with graphite being just the stable form, at least at low tempera- 

tures. Thus graphite has a lower energy content than diamond, 

C oi O, — CO, AH = —393.4 kJ 
(graphite) 

O, —> Co, AH = —395.5 kJ 
(diamond) 

C ——> C AH = —2.1 kJ 
(diamond) (graphite) 

Diamond might, therefore, be expected to change at room temperature 

into graphite, but, perhaps fortunately, such a change is infinitesimally 

slow and has never been observed. At very high temperatures and pres- 

sures, however, conversion of graphite into diamond seems possible. 

e. Allotropy dependent on different molecular species. The allotropy of 

oxygen is not dependent on crystal structure. It depends, instead, on the 

possible existence of two different molecules, O, for dioxygen and O; for 

trioxygen (ozone). 

Dioxygen is the stable allotrope, 

30, —> 20; AH = 284.5 kJ 

and it has to be highly energised, in an ozoniser, to convert it into trioxygen. 

Once formed, trioxygen, as the unstable allotrope, reverts at all tempera- 

tures to oxygen. 

Liquid sulphur contains at least three allotropes, known as Sj, S, and Sr. It is 
probable that they differ in molecular constitution, S: probably being Sg and 

Sz, S4, but the molecular formula of S, is not known. At any one temperature 

they exist in equilibrium, and the equilibrium position changes with temperature. 

It has been estimated that there is 0 per cent S,, 3.7 per cent S, and 96.3 per cent 

Sa, at 120°C, and 37 per cent Sy, 4 per cent S, and 59 per cent Sa at the boiling 

point of sulphur. 
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The dynamic equilibrium existing between Sa, Sz and S, provides an example 
of what is known as dynamic allotropy. 

12, Measurement of transition temperatures. The change from one poly- 

morphic form to another may result in a change of colour, density or 

solubility, or in an absorption or evolution of heat, and investigation of 

such properties can be used for measuring transition temperatures. 

Similar methods are also available for measuring the transition tempera- 
tures between different salt hydrates. 

a. Colour change. If a little mercury(11) iodide is placed in a melting point 
tube attached to a thermometer immersed in a heating bath, it is possible to 

(a) ()) 

Fic. 80. A dilatometer. (@) Before filling. (6) Set up for making measurements. 

record the temperature at which the red mercury(11) iodide changes into the 
yellow form. 

Alternatively, copper(1) tetraiodomercurate(m) can be used. It changes 
very sharply from a red to a black form on heating. 

b. Density change. Two polymorphic forms of the same substance have 
different densities so that there is a change in volume at the transition 
point, and the temperature at which this change occurs can be measured by 
using a dilatometer. This consists (Fig. 80) of a glass bulb connected to a 
length of capillary tubing which is either calibrated or placed against a 
scale. Initially, the bottom of the bulb is open, so that it may be filled. 

The method is suitable for measuring the transition point of sulphur. Some 
powdered rhombic sulphur is placed in the bulb, which is then sealed. Some inert 
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liquid, such as liquid paraffin, is then introduced into the bulb, through the 
capillary tube, until there are no air bubbles in the bulb or tube and until the 
liquid level is at the lower end of the capillary. The dilatometer is then immersed 
in a heating bath and the temperature is slowly raised, the liquid level in the 
capillary tube being recorded at regular temperature intervals. 

At first, the liquid level rises steadily as the contents of the bulb expand. When 
the transition temperature is reached, however, the rhombic sulphur begins to 
undergo a volume change, as it is converted into monoclinic sulphur. This causes 
a marked change in the rate of rise of the liquid level. When all the rhombic 
sulphur has changed to monoclinic, the liquid level again rises steadily, as at the 
beginning. A plot of liquid level against temperature gives a curve as in Fig. 81, 

line (a). 

LIQUID LEVEL ———> 

TEMPERATURE ———>- 

Fic. 81. Volume change at transition point as measured on a dilatometer. 

On slow cooling of the dilatometer, the reverse changes take place, but, because 

of thermal lag, the plot of liquid level against temperature gives a curve as in 

Fig. 81, line (b). The transition temperature is taken as the mean of temperatures 

T, and T>. 
In a more accurate application of the dilatometer a mixture of rhombic and 

monoclinic sulphur is placed in the bulb. The dilatometer is then immersed in a 

bath at constant temperature. After the dilatometer has attained the temperature 

of the bath, the liquid level is observed. If the bath temperature is equal to the 

transition temperature there will be no change in the liquid level, and the tran- 

sition temperature can be measured by finding what bath temperature will give 

no change in liquid level. 

c. Solubility change. Two forms of the same substance have different solubilities 

if they are both soluble in the same solvent. Thus the solubility curve of a poly- 

morphic substance shows distinct breaks at the transition points, for it is really 

made up of two or more solubility curves. 

This method is widely used to measure the transition points of salt hydrates, 

solubility curves such as those shown in Fig. 83 on p. 230 being obtained. 

d. Evolution or absorption of heat. The cooling curve of a single substance will 

be regular, unless some change of state occurs, but the cooling curve of a poly- 

morphic substance will show distinct breaks at the transition temperature. Such 
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temperatures can therefore be measured by plotting cooling point curves, but the 
method can only be used for substances which can be well stirred or which are 
good conductors of heat. It is suitable for obtaining the transition temperatures of 
some salt hydrates, e.g. anhydrous and hydrated sodium sulphate(v1), or of 
different forms of a metal. 

Other physical properties such as viscosity, electrode potential, electrical 

or thermal conductivity and vapour pressure can also be used to measure 

transition temperatures. 

QUESTIONS ON CHAPTER 20 

1. Explain the relationship between (a) cubic and hexagonal close-packed 
structure, (b) cubic close-packed structures and the structures found in sodium 
chloride, zinc blende and fluorite, and (c) hexagonal close-packed structures and 
the wurtzite structure. 

2. By considering structures made up of spheres of unit radius calculate the 
relative sizes of the spheres which would just fit into (a) a triangular site, (6) a 
tetrahedral site, and (c) an octahedral site. 

3. What is meant by saying that a tetrahedral site is smaller than an octa- 
hedral site? 

4. Is it true to say that the building units in a crystal arrange themselves so as 
to occupy the minimum volume of space? Give illustrative examples. 

5. What percentage of the available space is occupied in a cubic close-packed 
structure? 

6. Would the location of a successively larger number of atoms on a number 
of spheres all with the same centre but with successively larger radii give rise to 
a crystal structure? Explain your answer. 

7. Why do you think it is that most crystals, however carefully grown, are im- 
perfect in some way or other? What are the main types of imperfection ? 

8. What result would you expect if you were to heat a crystal of sodium chloride 
in an atmosphere of sodium vapour? 

9. Comment on the statement that the hydrate of a substance with the greatest 
number of molecules of water of crystallisation crystallises from aqueous solution 
at the lowest temperature. 

10. Draw diagrams to show that a tetrahedron results (a) when half the corners 
of a cube are connected, and (6) when half the faces of an octahedron are ex- 
tended. 

11. Describe what you would do to make a single crystal of potash alum such 
‘as would be suitable for displaying its regular external shape. 

12, How would you attempt to establish, in a school laboratory, whether two 
substances were isomorphous ? 

13. Discuss the various criteria which can be used to decide whether two sub- 
stances are isomorphous. 

14. Apply Le Chatelier’s principle in a discussion of the effect of change of 
pressure on the changes (a) water to ice, (6) rhombic to monoclinic sulphur, and 
(c) grey to white tin. 

15. Calculate the heats of combustion of diamond and graphite and red and 
white phosphorus in ozone. 

16. Explain what is meant by the statement that ‘polymorphism of the elements 
is known as allotropy?’ Do you think there is any point in maintaining the use of 
the word allotropy ? Give your reasons. 
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17. What are ortho- and para-hydrogen? Are they to be regarded as allo- 
tropes of hydrogen? 

18. Mixed crystals are sometimes called solid solutions. What arguments can 
you put forward in favour of the separate terms? 

19. How would you demonstrate, experimentally, that sodium and potassium 
chlorides can form mixed crystals? 

20. Give an account of interstitial compounds. 
21. Write an account on one of the following topics: (i) mica, (ii) naturally 

occurring silicates, (iii) the piezoelectric effect, (iv) polymorphism, and (v) types 
of symmetry. 

22. Discuss (a) any one example of allotropy, and (b) any one example of poly- 

morphism. é 

23. How is the fact that sulphur can appear to have two different melting 

points explained ? 
24. How would you investigate the formation of mixed crystals by potassium 

chloride and potassium bromide? 
25. Write notes on (a) the law of constant composition, (6) clathrates, (c) silica, 

and (d) the allotropy of tin. 
26. Compare and contrast the allotropy of (i) dioxygen and trioxygen with 

that of (ii) diamond and graphite. 
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Solutions of solids in liquids 

1, General terms used. The most familiar type of solution is formed when a 
solid, e.g. common salt, dissolves in a liquid, e.g. water, but many other 
types are also known, and a solution may be defined as a perfectly homo- 
geneous mixture. 

The components mixed together in a solution may be solids and/or 
liquids and/or gases, giving six types of solution containing two com- 
ponents only. 

The composition of any solution may be variable over a wide or narrow 
range. Gases, for instance, are usually miscible in all proportions, but 
water will only dissolve a limited amount of common salt at any one 
temperature, and mercury and water are completely immiscible. 

The terms solvent and solute are commonly used in discussing solutions, 
the solvent being the substance present in excess. In simple language, the 
solvent does the dissolving, and the solute is dissolved. The relative pro- 
portions of solvent and solute in a solution can be expressed in a number 
of ways. 

a. Percentage by weight. This is the number of grammes of solute in 100 g 
of solution. Similarly, the number of grammes of solute in 100 g of 
solvent may be used. 

b. Grammes per cubic decimetre. This is the number of grammes of solute in 1 cubic decimetre of the solution. It is sometimes referred to as the mass concentration and other units such as kg m~? can be used. 

c. Moles per cubic decimetre. This is the number of moles of solute in 1 cubic decimetre of solution. Alternatively, mol m~? units can be used. This is the commonest method of expressing concentration and the concentration of a substance, x, in such units is written as [x]. If 1 mol of solute is dissolved in 1 cubic decimetre of solution, the solution is said to be 1M or to have a concentration of 1 mol dm~3, If one-tenth of a mol of solute is dissolved in 1 cubic decimetre of solution, the solution is M/10 or has a concentration of 0.1 mol dm~3,* 
This method of expressing concentration is important because 1 mol of any substance contains the same number of molecules. Equal volumes of M solutions always, therefore, contain the same number of solute molecules. 

d. Normality. A normal, N, solution contains 1 gramme-equivalent of solute per cubic decimetre of solution. A 2N solution of sulphuric acid, for example, is 1M; it contains 98 g dm~* and the equivalent mass of the acid is 49 whilst its relative molecular mass is 98, 
*M and 0.1M solutions used to be called molar and deci-molar respectively. Such terms may, in fact, persist, but should, strictly, no longer be used. The term ‘molar’ is now to be used as implying ‘divided by amount of substance’ so that the term molar solution becomes meaningless, 
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Normalities used to be used extensively in expressing concentrations of 

solutions but their use, nowadays, is limited. 

e. Molal concentration. This is the number of moles of solute in 1 kg of 

solvent. 

f. Mole fraction. This_is the number of moles of solute divided _by th
e 

total number of moles of solute and solvent. The_mole_fraction_is. 

solution. If the mole fraction is 0.5, for example, it means that half the 

molecules in a solution are solute molecules and half are solvent molecule
s. 

The mole fractions of solute and solvent will always add up to 1. 

Moles per cubic decimetre, moles per cubic metre and mole fraction are 

probably the most important and general methods of expressing concen- 

tration, but all the other ways are in use, and it is important to differentiate 

clearly between them. 

SOLUTIONS OF SOLIDS IN LIQUIDS 

2. Introduction. A solid which will dissolve in a liquid at a particular 

temperature is said to be soluble in the liquid at that temperature, but it 

may be more, or less, soluble at a different temperature or in a different 

liquid. Solubility depends, in fact, on the nature of the solid and liquid 

concerned, and on the temperature. 

In general, a solid will dissolve in a liquid which is chemically similar to 

it, or ‘like dissolves like’. Organic (covalent) compounds will usually dis- 

solve in organic (covalent) solvents such as benzene
, ethoxyethane (ether), 

propan-2-one (acetone) or tetrachloromethane (carbon tetrachloride), but 

not in ionising solvents such as water. On the othe
r hand, ionic compounds 

i i in_ionisi such as water, than in 

organic solvents. 

There are, however, many exceptions to such general 
statements, and the 

precise mechanism of the formation of a solution is not known. Certainly 

the liquid causes the solid to split up into dispersed particles of very small 

size, and for ioni i i i iquid i j t 

matter, Organic solvents have low dielectric constants whereas ionising 

solvents have high ones. Water is the commonest ionising solvent but 

liquid hydrogen fluoride, liquid ammonia and liquid sulphur dioxide are 

also good solvents for ionic compounds. 

In the process of dispersing the particles of a solid, energy changes take 

place, and i id di i iquid. It is 

for this reason, and as a consequence of Le Chatelier’s principle (p. 321), 

that the solubilities of most solids increase with temperature. Those solids 
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whose solubility in water decreases with temperature, e.g. anhydrous 
sodium sulphate(v1) (p. 230) and sodium carbonate monohydrate, evolve 
heat on dissolving. 

3. Saturated and supersaturated solutions. If a small amount of a soluble 
solid is added to a liquid in which it will dissolve, a solution is formed. 
But if more and more solid is added to the same amount of solvent, at the 
same temperature, a point will be reached at which no more solid will dis- 
solve, At this point, a saturated solution is said to have been formed. 
Addition of more solid causes no increase in the concentration of the 
saturated solution, An equilibrium is set up between the saturated solution 
and undissolved solid, solid depositing from the solution at the same rate as 
solid passes into solution from the undissolved solid present. A saturated 
solution can, therefore, be defined as a solution which is In equilibrium with 
undissolved solid, at a particular temperature. If the temperature be changed, 
the equilibrium will be upset and either more solid will pass into solution 
or more solid will deposit from the solution. 

Under rather peculiar conditions, supersaturated solutions can be ob- 
tained. These are solutions which contain more dissolved solute than is" 
Tequired to form a saturated solution at the same temperature. Super- 
saturated solutions are, theoretically, unstable, but they can be obtained, 
and kept, in some cases; they are said to be metastable. 

e.g. sodium sul- 
phate(v1)-10—-water or sodium thiosulphate(v1)—-5—water. If crystals of 
hypo, for example, are carefully heated, a solution of sodium thiosul- 
phate(v1) in its own water of crystallisation is obtained. If this solution is 
allowed to cool, without shaking or admission of dust particles, a super- 
saturated solution results. Shaking, or addition of any small particles of dust or a crystal of hypo, i i id lid 1 wil sit aia Gonna near 

4. Measurement of solubility. The solubility of a solid in a liquid is usually defined as the maximum number of grammes of the solid which will dissolve in 100 g of liquid at the temperature concerned and in the presence of excess, undissolved solid. Other units such as kg of solute for 100 kg of solvent or mol kg~! may be used. 
Measurement of the solubility of a solid which is reasonably soluble requires, first, a known mass of a saturated solution of the solid. This is then analysed to find the mass of solute it contains. The mass of solvent is found by subtraction, so that the solubility can be calculated in terms of grammes of solute per 100 g of solvent. 

A saturated solution is made by stirring the chosen solvent with excess of the solute in a container immersed in a thermostat at the temperature required. 
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After undissolved solid has had time to settle, a portion of the supernatant 
saturated solution is withdrawn and placed in a container of known mass. The 

total mass is then measured to give the mass of the saturated solution. In the 

withdrawal of this sample of saturated solution it is important not to include any 

solid. This can be done, with care, using a pipette, the tip being covered with a 

plug of glass wool if necessary. The pipette used must be at the same temperature 

as the saturated solution. 
Analysis of the known mass of saturated solution is best done volumetrically 

if suitable reagents are available. Standard silver nitrate(v) can be used, for 

example, if the solute is a chloride, or standard potassium manganate(vi1) (per- 

manganate) can be used for an ethanedioic (oxalic) acid solute. If volumetric 

methods cannot be adopted, careful evaporation to dryness must be used. 

The measurement of the solubility of sparingly soluble substances re- 

quires special methods mentioned on pp. 139 and 386. 

5. Solubility curves. The solubility of a solid in a liquid varies with tempera- 

ture, and it is convenient to represent the variation on a graph plotting 

200 

SOLUBILITY /g (100g WATER) '——> 
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Fic. 82. Continuous solubility curves. 

solubility against temperature. Such a graph is known as a solubility curve. 

As will be seen (Fig. 82) the solubility of the majority of solids increases 

with increasing temperature. Solubility curves may, also, show marked 
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changes of direction due either to a polymorphic change (p. 223) or a 
change in hydrate of the solute concerned (Fig. 83). 

The discontinuous curve for ammonium nitrate(v) is caused by a 
polymorphic change from the 8-rhombic to the «-rhombic form at the 
transition temperature of 32°C. Discontinuous curves caused by changes 
in hydration are also shown. Two or more separate solubility curves for 
different forms of the same solid are really being plotted‘on one diagram, 

160 
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Fic. 83. Discontinuous solubility curves. 

different polymorphs or different hydrates being stable over certain temperature ranges, 
The solubility curves shown in Figs. 82 and 83 are limited to a tempera- 

ture range of 0-100°C. A more complete representation of a solid-liquid - system can be given by choosing a wider range of temperature; this is done 
on p. 257. 

6. Crystallisation from solution. The mass of crystals obtained by cooling a hot saturated solution of known concentration to a particular tempera- ture can readily be obtained from a solubility curve. 
100 g of water, for example, will dissolve 172 g of potassium nitrate(v) 
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at 80°C, and only 20 g at 10°C (Fig. 82). If, therefore, a saturated solution 

of potassium nitrate(v) at 80°C containing 172 g is cooled at 10°C, 152 g 

of solid will crystallise out. If the cooling is done rapidly a mass of small, 

badly shaped crystals will form, but slow cooling will produce fewer, larger 

and better shaped crystals. 

A mixture of two solids can be separated by making use of their different 

solubilities in the same solvent. The process is known as fractional crystal- 

lisation. It depends on differences in solubility and differences in the shapes 

of solubility curves. Fractional crystallisation is very widely used for 

separating mixtures of solids. It can be applied in a number of ways, as 

illustrated in the following examples. 

a, Separation of potassium nitrate(v) and _potassium—chlorate(v 
)... The 

solubility curves for these two substances are given in Fig. 82, and it will be 

seen that potassium nitrate(v) is more soluble than potassium chlorate(v). 

At 20°C and 50°C, the solubilities in gramme per 100 g of water are 

KNO, KCIO; 
20°C 31 8 
50°C 86 18 

Consider a mixture of 20 g of potassium nitrate(v) and 18 g of potas- 

sium chlorate(v). If this mixture is dissolved in 100 g of water at 50°C the 

solution will be just saturated with potassium chlorate(v) but not with 

potassium nitrate(v), neglecting any effect the solubility of one salt may 

have on that of the other. On cooling to 20°C, 10 g of potassium 
chlorate(v) 

will crystallise out, but no crystals of potassium nitrate(v) will form for, 

even at 20°C, the solution is still not saturated with potassium nitrate(v). 

Thus pure potassium chlorate(v) is obtained from the mixture. 

The conditions in this particular example are extremely favourable. Both 

potassium chlorate(v) and potassium nitrate(v) have ‘steep’ solubility curves, 

and there is a wide difference, at all temperatures, in their solubilities. Moreover, 

favourable numerical figures were chosen to illustrate the point. The same 

principle can, nevertheless, be applied in many other cases. Typical examples are 

provided by the separation of potassium chloride from carnallite, KCl-MgCl.° 

6H,0, and the separation of potassium bromate(v) from potassium bromide in 

the mixture obtained by reaction between bromine and hot potassium hydroxide 

solution. 

b. Recrystallisation in organic chemistry. In organic chemistry, the purifica- 

tion of a substance generally involves the removal of only a relatively 

small amount of impurity. 47.5 g of A, for example, may be contaminated 

with 2.5 g of B, ie. 5 per cent impurity. Assume that both A and B are 

soluble in water, the solubilities at 20°C being 10 g and 4 g per 100 g of 

water respectively. If 50 g of the mixture of A and B is dissolved in 100 g 

of hot water and the resulting solution is allowed to cool to 20°C, 37.5 g of 
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pure A will crystallise out, leaving 10 g of A and all the B in the mother 
liquor. 

me the original mixture of A and B had contained 10 per cent impurity, 
i.e. 45 g of A with 5 g of B, similar treatment would have given crystals 
containing 35 g of A and 1 g of B. The impurity would have been reduced 
from 10 per cent to about 3 per cent, but this first crop of crystals would 
have to be recrystallised for further purification. It may not, therefore, be 
possible to achieve complete purification by a single crystalisation. 

c. Separation of substances with similar solubilities. The main difficulties 
of fractional crystallisation arise when it is necessary to deal with very 

Fic. 84. Diagrammatic representation of fractional crystallisation of a mixture of A and B. A is slightly less soluble than B, and the relative amounts of B andA are shown by the shaded and non-shaded areas, 

small quantities of materia] and/or when the two components to be separated are so chemically similar that they have very similar solubilities in all solvents. 
Fractional crystallisation, under such conditions, involves a lot of careful but rather tedious work. Mme Curie, for example, took about four years to separate radium bromide from barium bromide in her isolation of radium, and the separation of mixtures of salts of the rare-earths by fractional crystallisation can be lengthy. 
The general principle adopted is outlined in Fig. 84. The original mixture of A and B is dissolved in a hot solvent in which A is slightly less soluble than B. Quantities are taken such that, on cooling, about half the dissolved solid will crystallise out. The crystals resulting will be enriched in the less soluble A, whilst the mother liquor will be enriched in the more soluble B. The enriched crystals are redissolved and the solution is recrystallised, 
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yielding a crop of crystals still richer in A, and a mother liquor (C) still 

richer in B. The original mother liquor gives, on evaporation and recrystal- 

lisation, another B-rich liquid and an A-rich solid (D). C and D are mixed 

together as shown on Fig. 84. 

By repeated treatment, as summarised in Fig. 84, it is possible to obtain 

pure A and pure B, but the crystallisation process may have to be repeated 

very many times. 

d. Crystallisation from a mixture of potassium chloride and sodium nitrate(v). 

A solution containing two salts may deposit crystals of a third salt under 

certain conditions. A solution made by dissolving potassium chloride and 

sodium nitrate(v) in water contains K+, Na*+, Cl~ and NO;~ ions. When 

such a solution is hot, sodium chloride is the least soluble salt which can be 

formed from the ions present, and it is the first substance to crystallise out 

on cooling. Removal of the sodium chloride by filtration and further cool- 

ing of the filtrate yields crystals of potassium nitrate(v), and such a method 

is used in the manufacture of this salt. 

7. Distribution of a solid between two immiscible solvents. Ifa solid or 

liquid is added to a mixture of two immiscible liquids, in both of which it is_ 
soluble, it will distribute itself between Be two liquids according to the 

tee or parenon law. 

provided thatthe solute sin the same molecular slate in both soln i,e. 
avd. the Ackike LY eh 

Concentration of X in solvent A 

Concentration of X in solvent B 
=K(a eonsteti 

This constant is generally known as the partition coefficient. It is only a 

constant for given substances, and it varies with temperature. 
The validity of the partition law can readily be demonstrated by shaking 

iodine with benzene and water, or butanedioic (succinic) acid with ethoxy- 

ethane (ether) and water, at a fixed temperature. On standing, two layers 

separate out, and the concentration in each layer can be measured by 

pipetting off a known volume and titrating. Different original amounts of. 

solute and solvents can be used. 

It_is important to realise that it is the ratio of the concentrations which 

_matters and not the ratio of the total masses.of solute. Clearly, too, the 

same units of concentration must be used for each solvent. 

8. The partition law and Henry’s law. The generalised statement of Henry’s 
1 hat tI ‘ . incl lecul seh. 

two_pha: 

temperature. 
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The partition law is simply an application of this general law, the two 

phases being the two immiscible solvents, and the single molecular species 
being the distributed solute. 

Alternatively, Henry’s law as applied to gases dissolved in liquids may be 
regarded as an application of the partition law. For a gas dissolved in a liquid, 
the partition law would indicate that 

Concentration of gas in gaseous layer 
i i ; ea nstant Concentration of gas in solution K (a constant) 

This can be rewritten as 

Pressure of gas 
Mass dissolved per cm? — X’ (@ constant) 

which is an expression of Henry’s law. 

9. Effect of association and dissociation on partition law. Henry’s law and 
the partition law only hold if the same molecular species is considered in 
each phase. If a_solute associates or dissociates in one_or both of the sol- 
vents concerned, the partition law must be modified, though it still holds so 
long.as identical molecular. species are.considered. A full consideration of 
the matter is lengthy for association and/or dissociation might take place 
in one or both solvents and, moreover, the association or dissociation may 
only be partial. Two comparatively simple cases will be considered. 

a. Dissociation in one solvent. Consider a solute, AB, which is dissociated, to a 
degree a, in solvent 2 but not in solvent 1. If the total concentration of AB, as 
measured by analysis, in solvent 2 is c, the concentration of undissociated AB 
molecules in solvent 2 must be c,(1 — a), 

AB == At+B- 

e(1 — «) 

If the concentration of AB in solvent 1 is ¢:, then 

“ato * yor Aloe 
b. Association in one solvent. Consider a solute, AB, which is associated, 
to a degree «, into double molecules in solvent 2 but is not associated in 
solvent 1. If the total concentration of solute, as measured by analysis, in 
solvent 2 is ¢,, the concentration of unassociated molecules will be 
¢2(1 — «), and that of associated molecules will be 4 ca, 

e2(1 — a) $c, % 
Application of the equilibrium law (p. 309) shows that 

[(AB)] =— K ae C2 % 

[AB]? 2[e(1 — «)]? 
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The concentration of unassociated molecules in solvent 2, c,(1 — 2), 

therefore, equal to V0,%/K2. c,%/K2. 

If the concentration of unassociated molecules i in solvent 1 is c,, then 

S, 

Cy KL es ges 0 . 

V/ Co0/K2 ees aE Brn \ eee 

When « is 1, i.e. when heres is opie association into double molecules 

in solvent 2, 

eh 8 

10. Solvent extraction. Organic compounds are generally much more 

soluble in such organic solvents as ethoxyethane (ether) or benzene than in 

water, and these organic solvents are also immiscible with water. An organic 

compound can, then, often be extracted from an aqueous solution or sus- 

pension by adding ethoxyethane or benzene, shaking, separating the two 
layers in a separating funnel, and, finally, distilling off the ethoxyethane 

or benzene to leave the purified compound required. 

In such a solvent extraction it is advantageous touse.a_given volume of 
le. 

Suppose that 100 cm* of benzene is available for extracting a solute, X, 

dissolved in 100 cm of water, and that the partition coefficient of X between 

benzene and water is 5, i.e. 

Concentration of X in benzene _ 
Concentration of X in water 

If the whole of the benzene is added to the 100 cm’ of solution, X will 

distribute itself between the benzene and the water. If W, gramme pass 

into the benzene layer, and Ww remain in the water, then 

W,/100 _ dle Yea BS es, 
Wen. He Pade 

This means that the 100 cm? of benzene has extracted ths of the total 

amount of X originally present in the water. 

Using only 50 cm? of benzene 

W,/50 _ Kigied Hi (Wine to) se? 
We Ws i. Wat wT 

This means that 50 cm? of benzene will extract $ths of the original amount 

of X. 4ths of X will, therefore, remain in the water, but addition of a 

recone 50 cm? portion of benzene will extract $ths of the X which is still 

present, i.e. $ths of 2ths or 4$ths of the Graal amount of X. 

The first 50 cm? of Sits es therefore, extracts $ths and the second 50 

cm’ portion extracts a further 18ths of the original Eenount of X. The total 
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amount of X extracted by two 50 cm? portions of benzene will be 45ths, 
and this is more than the 3ths extracted by one 100 cm? portion of benzene. 
A still greater proportion could be extracted by using four 25 cm* 

portions of benzene. 

QUESTIONS ON CHAPTER 21 

1. What is the mole fraction of ethanol ethyl alcohol in a mixture of 10 g of it 
with 10 g of water? If the mole fraction of ethanol in a mixture of it with water 
is 0.5, what is the percentage of ethanol by mass? 

2. A solution of ethanoic (acetic) acid containing 80.8 g dm~? of ethanoic acid 
of molecular weight 60.1 has a density of 1.0097 g cm~*. Calculate the mole 
fraction of ethanoic acid in the solution. 

3. The following figures give the solubilities of barium ethanoate (acetate) in 
water at different temperatures, 

Temp. °C 0 820181256354 $40: SO! 60m GOmatsO 
Solub./g(100 g 

water) ~* 38 620.070 FT 16 IS TE IS Fae 

Express these results graphically, and interpret the form of the curve, noting that 
the crystals which separate from the saturated solution contain the following 
percentages of barium, viz. below 24°C, 44.3 per cent; between 25°C and 40°C, 
50.2 per cent; above 41°C, 53.7 per cent. (O. & C.) * 

4. Define ‘saturated solution’, ‘supersaturated solution’ and ‘solubility’ as 
applied to a solid dissolved in a liquid. How may the solubility of ethanedioic 
(oxalic) acid in water be determined at 35°C? 

50.42 g of a saturated solution of acertain sulphate(v1) (formula weight = 159.6) 
saturated at 20°C were made up to 250 cm3, 25 cm! of this diluted solution give 
1.265 g of barium sulphate(v1) when treated with barium chloride solution. 
Determine the solubility of the original sulphate(v1) at 20°C. At 40°C the solu- 
bility is 28.5 g per 100 g water. Deduce whether the process of solution in this 
case is exothermic. (N.) 

5. Describe, with some experimental detail, how you would plot the solubility 
curve of potassium chloride. 

6. What form does the solubility curve of iron(m) chloride take? Comment on 
any points of interest. 

7. Describe, as precisely as possible, what happens when sodium chloride dissolves in water. What energy changes take place? 
8. When common salt is added to water it dissolves. When it is heated, it melts. What have these two processes in common and how do they differ? In what ways do the dissolving and melting of (a) sucrose, and (6) oxygen differ 

from common salt? 
‘ 9. ee a list of actual chemical processes in which fractional crystallisation is used, 

10. Potassium salts often have *steeper’ solubility curves than the corresponding sodium salts. To what extent is this true, and what bearing does it have on the fact that potassium salts are commonly used in the laboratory in preference to the corresponding sodium salt, even though the sodium salt may be cheaper. 11. Describe, with experimental detail, how you would obtain a sample of pure benzenecarboxylic (benzoic) acid from an impure sample by recrystallisation. 12. To what extent is it true to say that the first crop of crystals from a solution containing two solutes is enriched in the least soluble solute? 
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13. What is meant by solubility and partition coefficient? Explain the prin- 
ciples of (a) recrystallisation, and (b) extraction with ether. (Oxf. Prelims.) 

14. Benzenecarboxylic (benzoic) acid is distributed between water and benzene 
according to the following figures: 

Conc. in water 0.0150 0.0195 0.0302 
Conc. in benzene 0.2420 0.4120 0.9700 

What conclusions can you draw? 
15. What laws describe the distribution of a substance between two non- 

miscible solvents? A solution of 10 g of A in 100 g of water is shaken with 
(a) 100 g of ethoxyethane (ether), (b) five successive quantities of 20 g of 
ethoxyethane. Calculate the total amount of A removed from the aqueous 
solution in the two cases. The distribution ratio of ether: water of A is 5. 
16. The solubility of iodine in water is 0.7 per cent of that of iodine in carbon 

disulphide. An aqueous solution of iodine containing 0.1 g of iodine per 100 cm’ is 
shaken with carbon disulphide. To what value does the concentration of the 
aqueous solution sink (i) when 1 dm of it is shaken with 50 cm* of carbon 
disulphide, and (ii) when 1 dm‘ of it is shaken successively with five separate 
quantities of carbon disulphide of 10 cm* each? (C. Schol.) 

17. The ratio of the solubility of octadecanoic (stearic) acid in n-heptane to 
that in ethanoic acid is 4.95. How many extractions of 10 cm? of a solution of 

octadecanoic acid in ethanoic acid with successive 10 cm* portions of n-heptane 

are needed to reduce the octadecanoic acid content of the ethanoic acid layer to 

less than 0.5 per cent of its original value? 
18. The partition coefficient of a solute between water and ethoxyethane is D, 

the solute being more soluble in ethoxyethane. If the solute is extracted from an 

aqueous solution using an equal volume of ethoxyethane in two successive portions 

prove that the fraction of the solute extracted ieee >. 

19. X is a weak tribasic acid (M, = 210) which is soluble in benzene and in 

water. After 2.800 g of X had been shaken with 100 cm? of benzene and 50 cm? 

of water until completely dissolved, it was found that 25 cm® of the aqueous 

layer required 14.50 cm? of normal sodium hydroxide solution for neutralisation. 

Calculate the ratio of the concentrations of X which are contained in equal 

volumes of benzene and water. (N.) 
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Solutions of gases in liquids 

1. Measurement of the solubility of a gas in a liquid. Some confusion has 
been caused by the use of various definitions and various units for the 
solubility of a gas, and care must be taken in using any table of solubility 
figures. Two definitions are most commonly used. 

a. Th ili 
i ll ji h 5S volume being measured 

at_the temperature and pressure at which the measurement of solubility is 
made, 

b. The absorption coefficient of a gas in a liquid is the volume of the gas in 
cubic centimetres which will just saturate 1 cm? of liquid, the gas volume being 
measured at Ss.t.p. 

The values obtained for gases differ so widely that two experimental 
methods are required, one for very soluble gases which are those which 
react with, or ionise in, the solvent, e.g. ammonia, hydrogen chloride and 
sulphur dioxide, and another for sparingly soluble gases. Typical values for 
absorption coefficients of some common gases at 101.325 kN m~? pressure 
and different temperatures are summarised below. 

Nitrogen 
Oxygen . 
Hydrogen 
Carbon dioxide 
Hydrogen chloride . 
Ammonia ; 

a. Sparingly soluble gases, e.g. oxygen in water. The apparatus used is 
shown in Fig. 85, C and E being three-way taps. A is first filled with 
mercury, by raising B, and oxygen is then passed in, from X, through C. 
Its volume is measured, at atmospheric pressure, by levelling the mercury 
in A and B. The mass of the absorption vessel, D, is measured, first empty 
and then full of water. The full absorption vessel is connected to the gas 
burette and the connecting tube is filled with oxygen by passing a stream 
of the gas in at X and out at Y. Alternatively, a connecting tube with a very 
narrow bore, whose volume can be neglected, is used. 
Some gas from A is transferred into D by raising B and allowing a 

measured mass of water to run out of D. The absorption vessel is shaken 
until no more oxygen will dissolve in the water in D, i.e. until the mercury 
level in A is constant. At this point, the volume of gas remaining in A is 
recorded, again with the levels in A and B equal. 

The volume of water which has been used as solvent is equal to the 
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original mass of water in D less the mass which was run out. The volume 

of gas which has dissolved in this volume of water to give a saturated 
solution is equal to the initial 
volume of gas in A minus the final 

volume in A and minus the volume 

of water run out of D. This volume 

of gas which has dissolved has been 

measured at room temperature and 

at atmospheric pressure. To calcu- 

late the absorption coefficient this 

volume must be converted to s.t.p. 

taking into account the water vapour 

pressure at the temperature con- 

cerned. 
For measurements at tempera- 

tures other than room temperature, 

the absorption vessel must be placed 

in a thermostat. 

b. Very soluble gases. Solutions of 
all the very soluble gases can be 

Fic. 85. Apparatus for measuring the 
solubility of a sparingly soluble gas. and this method is adopted for 

measuring their solubility, It is 

simply a matter of obtaining a known mass of saturated solution of the 

gas at a particular temperature. If the mass of the gas in this solution 

is then determined volumetrically the mass of solvent will be equal to 

the mass of solution minus the mass of gas so that the solubility can be 

calculated. 

broken. 

Fic. 86. A pyknometer. ion_i i lised acid 

For measurements at temperatures other than room temperature the 

A The mass of an empty, thin-walled, glass 
pyknometer (Fig. 86) is first measured and it ie 

B is then about one-third filled with, say, water. \\a,\ ~ 

Ammonia gas, say, is passed in, through A, ‘V 

until the water is saturated, and then the A 

pyknometer is sealed by a blow-pipe flame, , | 

first at B and then at C. The mass of the sealed’ 
pyknometer is measured so that the mass of ‘ é! 

saturated solution can be found. 
The whole pyknometer is then immersed in 

4 a known volume (excess) of standard acid, and 
q f ia in tI i 
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pyknometer must be immersed in a thermostat whilst the saturated solution 
is being made. 

2. Effect of temperature and pressure on the solubility of a gas. 

a. dissolve xs 

heat, and it would therefore be expected, on the basis of Le Chatelier’s 
principle (p. 321) that the solubility of a would d with in 

_in_temperature, For most gases, this is found to be so, though hydrogen 
and the noble gases behave differently over some ranges of temperature. 
On heating a solution of a gas, the gas is usually expelled, though in 

some Cases, e.g. a solution of hydrogen chloride in water, a constant boiling 
mixture (p. 249) may be formed. 

b. Pressure. The variation in the solubility of a gas with pressure is 
summarised in 3 i L Henry’s Law (1803) which states that the mass of a gas dis- leat E l of li dara , abite 

the pressure of the gas, i.e. 

Mass dissolved « Pressure 

This can also be expressed in the statement that the volume of gas dissolved, — 
measured at the pressure used, is independent of the pressure. Both state- 
ments are only true for gases which do not ionise or associate in, or react with, the solvent. 

That the second statement follows from the first can easily be shown: Let x g be dissolved by V cm? of liquid at pressure, p. Then 2x g will be dissolved by V cm? at pressure, 2p. But the volume of 2x g of gas measured at pressure, 2p, is equal to the volume of x g measured at pressure p. The volume of gas dissolved, measured at the pressure used, is therefore constant. 

Henry’s law can be expressed in a third, and more general form. If a unit 
volume of liquid is considered, the mass of gas dissolved in it will be equal 
to the mass concentration of the solution. Moreover, the pressure of a gas 
is only a convenient way of expressing its concentration. The proportion- 
ality between the mass dissolved and the pressure can, therefore, be 
rewritten as 

Concentration of gas et Concentration of gas 
__in solution __"_above the solution 

or in the statement that the concentration of any single molecular species in : ; ect : 

temperature. This is a very generalised statement of Henry’s law and applies 
not only to the solution of a gas ina liquid but, also, to the distribution of a 
solid between two immiscible liquids (p. 233). 
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(p. 35). Compound formation between gas and liquid, and association 

or dissociation of the gas in the solution, cause deviations. The law does 

not apply to a solution of ammonia in water (compound formation) or to 

one of hydrogen chloride in water (ionic dissociation). 

3. Solution of two or more gases in the same liquid. Henry’s law applies 

separately to a mixture of two gases dissolved in the same liquid, so long as 

the partial pressure of each gas is used in considering the gas. 

A solution of air in water may be regarded, in an over-simplified way, as 

a solution of a mixture of 20 per cent by volume of oxygen and 80 per cent 

15°C and 101.325. kN m~? pressure, and that of nitrogen, under the same 

conditions, is approximately 0.025. The solubility of oxygen is, in fact, 

about twice that of nitrogen. 

If air is dissolved in water at 15°C and 101.325 kN m~? pressure, the 

partial pressure of the oxygen will be 20/100 x 101.325 kN m~?, neglecting 

any water vapour pressure. At this pressure, 1 cm? of water will dissolve 

20 _ 101.325 
0.05 X =~ X 3 

100 * 101.325 “™ 

of oxygen, this volume being measured at s.t.p. Similarly, the volume of 

nitrogen dissolved by 1 cm? of water will be Qocows Lon Le 
Fee Ot Als 

80 _ 101.325, 
0.025 x 700 x 101.325 cm”. 

The proportion, by volume, of oxygen to nitrogen is therefore 

Volume of oxygen _ 0.05 | 20_ 1 

Volume of nitrogen 0.025 °° 80 2 

A solution of air in water, at 15°C and 101.325 kN m~’, therefore contains 

approximately 334 per cent of oxygen and 66% per cent of nitrogen by 

volume, and a gas of this composition will be obtained on boiling the 

solution. Gas mixtures with still higher oxygen content can be obtained by 

further dissolving and boiling-off procedures. 

QUESTIONS ON CHAPTER 22 

1. Describe the experimental method of measuring the solubility, at room 

temperature, of either (i) nitrogen, (ii) hydrogen chloride or (iii) sulphur dioxide. 

2. (a) Describe, with adequate practical details, how you would determine the 

solubility of (i) ammonium ethanedioate (oxalate) in water at 100°C, (ii) nitrogen 

in water at room temperature. Why is sodium chloride soluble in water but almost 

insoluble in benzene? 
(b) A sample of water gas has the following composition by volume

: 45 per cent 

hydrogen; 44 per cent carbon monoxide; 4 per cent carbon dioxide; 7 per cent 

Ql OLE pa$s \ 
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nitrogen. If water is saturated at 15°C and 101.325 kN m~? pressure with this 
water gas, what is the percentage of carbon dioxide in the gas mixture which 
would be completely expelled from the solution by boiling it? One volume of 
water at 15°C dissolves one volume of carbon dioxide and 0.02 volume of each 
of the other gases. The vapour pressure of water at 15°C is 1.733 kN m~2. (W.) 

3. Henry’s law can be expressed in the form D =C X K where p is the gas 
pressure in N m~’, C is the mole fraction of gas in the solution and K is a constant. 
The value of K for carbon dioxide in water at 25°C is 1.25 x 108. Calculate the 
solubility of carbon dioxide in water at 101.325 N m-2 pressure, expressing the 
answer in mol dm-3. 

4. Discuss the effect of temperature, pressure, the nature of the gas, and the 
presence of other gases on the solubility of a gas in a liquid. Describe how you 
would determine the solubility of ammonia in water at the temperature of the 
laboratory, being given a supply of aqueous ammonia. (S.) 

5. By dissolving air in water and boiling off the dissolved gas a mixture en- 
riched in oxygen is obtained. This mixture can, theoretically, be still further en- 
riched in oxygen by redissolving and subsequent boiling off. How many times 
must this dissolving—boiling off process be repeated before the oxygen content 
exceeds 90 per cent? 

6. Taking air as containing 78 per cent nitrogen, 21 per cent oxygen and 1 per 
cent argon by volume calculate the percentage composition of the gas boiled off from a saturated solution of air in water. The absorption coefficients of nitrogen, 
oxygen and argon are 0.0239, 0.0489 and 0.0530 respectively. 

7. Would you expect any correlation between the solubilities of those gases which dissolve without chemical reaction and their boiling points? Examine whether such a correlation does exist for some common gases. 
8. What happens when a lump of sugar is added to a fizzy drink? Can you account for your observation satisfactorily? Can you suggest any further ex- periments you could carry out to test your hypothesis? Do you think an equal weight of common salt would have a greater or smaller effect than the sugar? Why? 
9. Find out anything you can about the importance of the solubility of various ane in blood so far as deep-sea diving is concerned. Write a short account on the topic. 
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Solutions of liquids in liquids 

SomE pairs of liquids (and this discussion will be limited to pairs) are com- 

pletely miscible in all proportions, others are completely immiscible, and 

others are partially miscible. Some examples of each type are considered in 

this chapter. Si 

COMPLETELY MISCIBLE LIQUIDS 

1. Ideal or perfect solutions. An ideal or perfect gas (p. 35) would have no 

cohesive forces between its molecules. In an ideal or perfect solution, the 

cohesive forces would be just the same as those existing in the separate 

components of the solution. A solution made from A and B would only be 

ideal if the forces existing in the solution of A and B were just the same as 

those existing in pure A and pure B. Ideal solutions are rare and most 

solutions deviate considerably from the ideal. 

2. Vapour pressure of ideal solution of two liquids. The There is, in a solution, as 

in a pure liquid (p. 79), a tendency for some molecules to escape from the 

solution and pass into the vapour phase. This escaping tendency, which is 

known as the fugacity in a completely i ideal system, manifests itself in the 
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Fic. 87. The vapour pressure-composition diagram for an ideal solution. 

measurable vapour pressure above. a solution. This vapour pressure varies 

. The change 

with composition, for ideal solutions, is controlled by Raoult’s law (p. 263) 

which states that he partial vapour pressure of A in a solution, ata given 

W erent ti eauat ie the wane peace of pice Act the same
 tenspero- | Pree 

ture, multiplied by the mole fraction (p. 227) of A in the solution. 

In an ideal solution, components A and B_will have just_the same 

tendency to_pass into the.vapour-_phase.as the: 

because the internal forces within the liquids are alike. There will, however, 
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\ 

be relatively fewer particles of A in a solution containing both A and 
than in pure A so that the i i 
might be expected, ideally, to be proportional to the mole fraction (p. 227) 
of A in the solution. Similarly the partial vapour pressure of B above the luti id} ‘cpatienued lefrack FB - 

: ‘ : : 

pressures of A and B. 
This is illustrated in Fig. 87. The vapour pressure of pure B is 50, but it 

is only 25 when the mole fraction of B, in a solution with A, is 0.5. Similarly 
the vapour pressure of pure A is 60, but only 30 at a mole fraction of 0.5. 
The total vapour pressure of a mixture of A and B at a mole fraction of 
0.5 will, therefore, be 25 plus 30, i.e. 55. 

Numerical results of this type are given only by ideal solutions, 
e.g. n-hexane and n-heptane or bromoethane and iodoethane, both at 
30°C. 

3. Vapour pressure of non-ideal solutions of two liquids. The straight line 
relationship between vapour pressure and mole fraction (composition) for 
an ideal solution of two liquids becomes curved when the liquids deviate 
from ideal behaviour. Four different examples are shown in Fig. 88. 

RosRAQLTOR sh Ur forn~ &%& NR: 
NO i lati 5 Liquids which give curves as in 

(a) or (6) in Fig. 88 are said to have a negative deviation from Raoult’s 
Jaw. The total vapour pressure above the liquids is less than it would be if 
_the liquids were ideal. i ency for molecules to escape from 
the.solution than from_the pure liquids. 

This must indicate stronger attractive forces between the molecules in 
solution than between those in the pure liquids, which may be due to 
association.of one, or both, of the components in solution or to_some 
degree.of compound.formation between the components of the solution. 
It is related to a contraction in volume and an evolution of heat in making 
the solution, whereas there is no volume, or_heat, change in making an 
ideal solution. 

Water and nitric(v) acid provide an example of a pair of liquids show- 
ing negative deviation from Raoult’s law. Other pairs are given on 
p: 250. 

b. Positive deviation from Raoult’s Law. Liquids giving vapour pressure- composition curves as in (c) or (d) in Fig. 88, are said to have a positive 
deviation from Raoult’s law. The total vapour presstire is greater than 
would be expected for ideal liquids, i j inga 
greater tendency to escape from. the solution-than from the pure liquid. This must be due to weaker attractive forces between the molecules in 
solution than between those in the pure liquids. There is, in simple lan- 
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guage, some reluctance to mix completely, and this is associated with an __ 

increase in volume and an absorption of heat on mixing. 

Ethanol and water show a positive deviation from Raoult’s law, and 

other pairs are mentioned on p. 250. 
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Fic. 88. Vapour pressure-composition diagrams for non-ideal solutions 

of A and B. (a) and (b) are for liquids showing a negative deviation from 

Raoult’s law. (c) and (d) show a positive deviation. The dotted lines show the 

partial pressures of A and B. 

4. Boiling-point-composition diagrams. The way in which the total vapour 

pressure of a mixture of two liquids varies with composition is of import- 

ance because of its bearing on the possibility of separating the components 

of a mixture of two liquids 
For this purpose, it is most convenient to use boiling point-composition 

diagrams, at a fixed pressure, instead of vapour pressure-composition 

diagrams, at a fixed temperature. As a high vapour pressure corresponds to 
low boili ; ivi he boili REE ition di 

at.a fixed pressure, for a pair_of liquids. an_readily be obtained from the 

corresponding vapour pressure-composition diagram at fixed temperatures. 

The two diagrams..are. similar_in shape..except. that_they are inverted. 

Compare, for example, the diagrams in Figs. 89 and 90. 
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A: There are three important types of boiling point-composition diagram: 

i No maximum or minimum. This type corresponds with the vapour 
pressure-composition diagrams in Figs. 87, 88a and 88c. 

ii A maximum boiling point. corresponding with vapour pressure-com- 
position diagrams as in Fig. 88b. 

\_ iii A minimum boiling point, corresponding with vapour pressure-com- 
position diagrams as in Fig. 88d. 

5. Boiling point-composition diagram with no maximum or minimum. A 
diagram of this type is given by methanol-water mixtures (Fig. 89). 
The liquid line in Fig. 89 shows the way in which_the_boiling point of a 

— b.p. AT 101.325 KN m 2—> 

0% CH30H —+—>~.100% 
1002~<——— H,0 -———— 02 

Fic. 89. Boiling point-composition diagram at a fixed pressure 
for methanol-water mixtures. Compare Fig. 90, 

methanol-water_mixture_varies_with composition, at_a_fixed pressure. 
For a liquid mixture of any one composition, the vapour with which it 

is in equilibrium wi i i i t, i.e. in meth- 
anol. The liquid line has, therefore, an associated vapour line. The vapour 
pressure-composition diagram corresponding with this boiling point- 
composition diagram is shown in Fig. 90. 
When a mixture of methanol and water containing 50 per cent of 

each is boiled, it will boil at temperature T. The vapour coming from it 
will have a composition represented by A, and, on condensing, this vapour 
will form a liquid with the same composition. If this liquid is again boiled, 
it will now boil at temperature 7;, giving a vapour of composition B, and 
this vapour will condense into a liquid whose composition is also B. By 
repeating this boiling-condensing-boiling process pure methanol could be 
obtained, but the method would be tedious, and the same result can be 
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obtained in one operation by fractional distillation using a fractionating 

column (Fig. 91). 

——_> 

VAPOUR PRESS AT FIXED TEMP. 

0% CH;0H ———> 100% 
100%~—— H,0———— 0% 

Fic. 90. Vapour pressure-composition diagram at a fixed temperature 

for methanol—water mixtures. 

6. Fractional distillation. Mixtures with a boiling point-composition dia- 

gram of Type 1 can be separated into their component parts by fractional 

distillation, and this is most commonly done by using a fractionating 

column. 

Condenser 

Irregular 
arrangement 
of sections of 
glass tubing 

Overflow 
pipes 

Glass rod 
fused in 

position 

Fic. 91. A fraction- Fic. 92. A fractionating 

ating column. tower. 
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A simple and effecurve column for laboratory use consists of a long glass 

tube packed with short lengths of glass tubing, glass beads or specially 
made porcelain rings (Fig. 91). im_i in a large surface area, 
and there are many patent designs of column. Industrially, a fractionating 
tower is used. Such a tower is divided into a number of compartments by 
means of trays set one above the other (Fig. 92). These trays contain 

80 

TEMPERATURE /°C_ ——> 
Se) So 

100 
0 10 100 

OF CH;0H ——> 
Fic. 93. Idealised and simplified representation of the fractional distillation of a mixture of methanol (10 per cent) and water (90 per cent) using a fractionating column. 

central holes, covered by what are known as bubble caps, to allow vapour 
to pass up the tower, and overflow pipes to allow liquid to drop down. 

In both laboratory fractionating columns and industrial fractionating towers the temperature falls in passing from the bottom to the top. As vapour passes up into the column or tower it condenses, first, in the lowest part. As more hot vapour ascends, however, this condensed liquid is boiled again, giving a vapour which condenses higher up the column or tower. 



Solutions of liquids in liquids 249 

This liquid, in its turn, is again heated and boiled by ascending vapour so 

that the composition of the. mixture is constantly being enriched_in the 

more_volatile component on passing up the column or tower. Finally, the 

_ More volatile liquid emerges. in a pure form from the top of the tower. 

“| At-each point in_acolumn, or at each plate ina tower, an equilibrium 

between liquid and vapour is set up_and this is facilitated by (a) an upward 
flow_of vapour.and downward. flow. of liquid, (6).a large surface_area, 
(c)-slow-distillation. It is also preferable to maintain the various levels of 

the column or tower at a steady temperature so that external lagging or 

electrical heating jacket is often used. _\_ 
The state of affairs existing in an idealised and simplified distillation of 

a mixture of methanol and water, containing 10 per cent by mass of 

methanol, is shown in Fig..93...The figure..shows.five..liquid-vapour 

equilibria which_are_set-up-at.different_temperatures.in_thefractionating 

column; in_reality the liquid-vapour.equilibria_changecontinuously—in 

passing-up..the.column. The_purpose_of_the_fractionating column_is to 

facilitate the setting up of these equilibria.) < 

Not IN A UVOE N Mixtures of varied composition 

vr" can be drawn off from different 
points on the column or tower 

as is done, for instance, in the 

fractional distillation of crude oil 

in a refinery. 

7. Boiling point-composition dia- 

gram with a maximum. The vapour 

: pressure-composition diagram for 

oe px ae a a nitric(v) acid-water mixtures 

: ‘ shows a minimum (as in Fig. 88b) 
Fic. 94. Boiling point-composition dia- and the corresponding boiling 

gram at a fixed pressure for nitric(v) ; ae : : 
acid_water mixtures. point-composition diagram, with 

a maximum, is shown in Fig. 94. 

On distilling a mixture of nitric(v) acid and water containing less than 

68.2 per cent nitric(v) acid, the distillate will consist of pure water and the 

mixture in the flask will become more and more concentrated until it. con- 

tains 68.2 per cent nitric(v) acid._At this stage, the liquid mixture will boil 

at.a constant temperature because the liquid and the vapour in equilibrium 
—— 

with_it have the same composition, i.e.68.2_per cent nitric(v) 
acid. 

Mixtures containing more than 68.2 per cent nitric(v) acid will give a 

distillate of pure nitric(v) acid until the residue in the flask reaches the 

68.2 per cent nitric(v) acid composition. Thereafter, the distillate will be 

68.2 per cent nitric(v) acid as before. 

A mixture with this type of boiling point-composition curve cannot be 

completely separated by fractional distillation. It.can only be separated into 

v i 

—b.p. AT 101.325 kN 
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Qne component and what is known as the constant boiling mixture, maxi- 

mum boiling point mixture, or azeotropic (Cetv, to boil; atgomoc, un- 

changing) mixture. 

Maximum boiling point mixtures are also obtained from mixtures of 

water with hydrofluoric, hydrochloric, hydrobromic, hydriodic, sul- 

phuric(v1) and methanoic (formic) acids; and from propanone (acetone) 

and trichloromethane (chloroform) or benzenol (phenol) and phenyl- 
amine (aniline). 

8. Boiling point-composition diagram with a minimum. Ethanol and water 

give a vapour pressure-composition diagram with a maximum, as in 
Fig. 88d, and the corresponding boiling point-composition diagram, with 

a minimum, is shown in Fig. 95. 

It is not possible to get a com- 

plete separation of ethanol and 
z !00 water by fractional distillation. A 
2 eg ee 79.5 mixture containing more than 95.6 
a per cent ethanol can be separated 
= into pure ethanol and a minimum 
=< boiling point mixture, with a com- 

position of 95.6 per cent ethanol. 
z n A mixture containing less than 

ae es a Oa Oe. See per cent ethanol can be separ- 
2 ated into pure water and the same 

Fic. 95. Boiling point-composition dia- minimum boiling point mixture. 
gram at a fixed pressure for ethanol— Wat ith ior Maan 
water mixtures. > ee his. PEGpesot er i os 

or pyridine, and ethanol with 
trichloromethane (chloroform) or methyl benzene (toluene), also give mini- 
mum boiling point mixtures. 

9. Separation of azeotropic mixtures. An azeotropic mixture may have either a 
maximum or a minimum boiling point but, at any one pressure, it has a fixed 
composition. Jt is unusual for this composition to correspond with that of any 
simpie chemical formula for the mixture, and there is definitely no compound re : ond: 

moreover, the mixture can be separated into its component parts fairly easily. 
Such separation can be brought about by the following methods: 

a. By distillation with a third component. The azeotropic mixture of ethanol and 
water contains 95.6 per cent of alcohol at normal atmospheric pressure, If 
benzene is added, distillation yields, first, a ternary azeotropic mixture of ethanol 
water and benzene, then a binary azeotropic mixture of ethanol and benzene, 
and finally, absolute ethanol. : 

b. By chemical methods. Quicklime may be used to remove the water from an 
azeotropic mixture of ethanol and water, or concentrated sulphuric(v)) acid will 
remove aromatic or unsaturated hydrocarbons from mixtures with saturated 
hydrocarbons in the refining of petrols and oils. 
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c. Adsorption. Charcoal or silica gel may adsorb one of the components. 

d. Solvent extraction. One component can be extracted by a solvent. 

IMMISCIBLE LIQUIDS 

10. Vapour pressure of immiscible liquids. Some liquids will not mix at all 

and simply separate out into two distinct layers according to their densities. 

Examples are provided by mercury and water or by paraffin and water. 

Water floats on top of mercury; paraffin floats on top of water. Such 

liquids, which will not mix, must have strongly repulsive forces between 

their molecules. 
The lack of any sort of interaction between two immiscible liquids, 

excepting purely surface effects (p. 492), means that each liquid behaves 

almost independently of the other. Thus the_vapour pressure above an 
pipteaeciimnt vcttnneiseiile liguid : PP 

Agitation of the mixture is necessary to enable each liquid to establish its 

vapour phase. Moreover, the vapour pressure above the mixture will be 

independent of the amount of each liquid present, so long as there is_ 

enough to give a saturated vapour, _ Pda Fag can he 

As the temperature is increased, the vapour pressure of each liquid will 
rise, so that the total vapour pressure above the mixture will also rise. 

When this total vapour pressure becomes equal to the external pressure, the. 

mixture will boil, and this boiling point will be lower than the boiling points 

of either of the two separate liquids. 
A mixture of phenylamine (aniline) (b.p. = 184°C) and water (b.p. = 

100°C), for example, will boil at 98°C, under a pressure of 101.325 kN m~? 

(760 mm). At 98°C, the vapour pressure of phenylamine is 7.065 kN m~’, 

and that of water is 94.260 kN m~?. The combined vapour pressure is, 

therefore, 101.325 kN m~?, and the mixture will continue to boil at 98°C 

so long as both phenylamine and water are present in it. The vapour com- 

ing from the boiling mixture will i d 

The relative masses of phenylamine and water in the vapour may be 

calculated as follows, A standing for phenylamine and W for water. 

Vol. of A vapour _ No. of molecules of A _ Vapour pressure of A 

Vol. of Wvapour No.ofmoleculesof W Vapour pressure of W 

Mass of A _ Relative density of A x Vol. of A vapour 

MassofW Relative density of W x Vol. of W vapour 

.|Mass of A _ Relative density of A x Vapour pressure of A 

‘| Mass of W Relative density of W x Vapour pressure of W 

. Massof A 46.5 x 7.065 1 

‘ Massol 9 x 942005 2.5 PPPTO™ 
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11. Steam distillation. Steam distillation depends on the properties of 

immiscible liquids and i is a useful process for separating a liquid ora solid 
from a mixture. 

points. For, in steam distillation, 

a substance is distilled at a 

temperature considerably below 

its normal boiling point. 

The method is to pass-steam 

through the mixture in an appa- 

ratus as shown in Fig. 96. The 

distillate, collected in the receiver, 
Fic. 96. Apparatus for steam distillation. consists of water and the solid or 

liquid required. The solid or liquid 
can be isolated by filtration, by extraction with a solvent (p. 235), or by 
using a separating funnel and drying with a drying agent. 

If any mixture of a substance, X, with water and other non-volatile im- 
purities is subjected to steam distillation, the argument in section 10, shows 
that the distillate collected will contain X and water in the proportion 

current 
of Steam 

Mass of X Relative density of ¥ x Vapour pressure of X 
Mass of water Relative density of water x Vapour pressure of water 

It is desirable to get as much X as possible in the distillate, and that is 
why a high relative density (or relative molecular mass) and a high vapour 
pressure for X is picaalen: use of superheated steam, i.e. steam at high 
pressure, also helps by increasing the vapour pressure of X in relation to 
that of water, and the low relative density of water is an important factor. 
By measuring the relative masses of X and water in the distillate> the 

relative density, and hence the relative molecular mass of Y can be calcu- 
lated, if the vapour pressures of XY and water at the temperature concerned 
and the relative density of water are known. This_provides a method of 

though it is not of any practical 
significance. 

PARTIALLY MISCIBLE LIQUIDS 

Ethoxyethane (ether) will dissolve a little water (about 1.2 per cent at 
room temperature) to form a homogeneous solution, and water will also 
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dissolve a little ethoxyethane (about 6.5 per cent at room temperature) to 

form a similar solution. Within these limits ethoxyethane and water are 

completely miscible. As their mutual solubilities are limited, however, 

ethoxyethane and water are only partially miscible. If equal volumes of the 

_two liquids are shaken together, for instance, two layers will form, one a 

saturated solution of ethoxyethane in water_and the other_a saturated 

solution of water in ethoxyethane. These two solutions are described as 

conjugate solutions. 4, 

12. Critical solution temperature. Some mixtures only form similar, im- 

miscible, conjugate solutions within certain temperature ranges. Equal 

weights of benzenol (phenol) and water, for example, give two conjugate 

solutions, existing in two layers, at temperatures up to 60°C, but are 

completely miscible above that temperature. The effect of composition and 

temperature is shown in a temperature-composition diagram (Fig. 97a). 

The temperature above which benzenol and water are miscible in any 

proportion, i.e. 66°C, is known as the upper critical solution temperature or 

the upper consolute temperature. There may be complete miscibility below 

that temperature but it will be dependent on the composition of the mix- 

ture. Above the curve there is always complete miscibility, i.e. one layer. 

Thus 80 per cent of benzenol and 20 per cent of water, or 2 per cent of 

benzenol and 98 per cent of water, will be completely miscible at 50°C. 

Below the curve, two layers will always form, and the curve will give the 

compositions of the two conjugate solutions making up the two layers. A 

mixture of 50 per cent benzenol and 50 per cent water, for example, at 

50°C, will form two layers whose compositions are given by A and B. The 

line YZ is known as a tie-line. The ratio YX/YZ is equal to the ratio of the 

mass of the benzenol layer (of composition B) to that of the mass of the 

aqueous layer (of composition A). 

The complete miscibility of benzenol and water with increasing tempera- 

ture comes about because their mutual solubilities increase as the tempera- 

ture does. The curve in Fig. 97a can, in fact, be regarded as made up of 

two halves, the one being the solubility curve of water in benzenol and the 

other the solubility curve of benzenol in water. With triethylamine and water 

the mutual solubilities decrease as the temperature is increased. This leads 

to a temperature-composition diagram with a lower critical solution (or 

consolute) temperature of 18.5°C (Fig. 97b). A 50-50 mixture’ will be 

completely miscible at 10°C but will separate into two layers, with com- 

positions C and D, at 50°C. 

Mixtures of nicotine and water are very unusual as they have both an 

upper (208°C) and a lower (61°C) critical solution temperature (Fig. 97c). 

A 50-50 mixture is completely miscible at 60°C or 250°C, but it will form 

two layers, with compositions shown by E and F, at 150°C. 
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Fic. 97. Temperature-composition diagrams for 
(a) benzenol (phenol) and water, (6) triethylamine and water, 
(c) nicotine and water. 

QUESTIONS ON CHAPTER 23 

1. What are the main characteristics of (i) an ideal solution of one liquid in 
another, (ii) an ideal gas? 
- If water has a vapour pressure of x Nm~?at acertain temperature, what will 

be the vapour pressures above (a) a mixture of 18 g of water and 0.1 mol of 
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sucrose, (b) a mixture of 36 g of water and 5.85 g of sodium chloride, (c) a mixture 
of 18 g of water and 0.1 mol of a liquid with a vapour pressure of y mm, at the 
same temperature? Assume all solutions are ideal. 

. A liquid, A, with a vapour pressure of 16 kN m~? is mixed with an equi- 
olecular portion of another liquid, B. The vapour pressure of the mixture of 

A and B is found to be 101.325 kN m~”. What is the vapour pressure of pure B? 
/4. The vapour pressures of methanol and ethanol at 20°C are 12.530 and 5.866 
kN m7? respectively. If 20 g of methanol give an ideal solution when mixed with 
100 g of ethanol calculate (a) the partial pressure exerted by each component of 
the mixture, (b) the total vapour pressure above the mixture, and (c) the composi- 
tion of the vapour. 
/. What will be the composition of the vapour over an ideal solution of A in 
B, if the mole fraction of A is 0.25 and the vapour pressures of pure A and pure B 
are 8 and 13.332 kN m7? respectively ? 
/®. The fact that nitric(v) acid-water and hydrochloric acid—water systems give 
constant boiling mixtures can be used to obtain standard solutions of these two 
acids. How would this be done in practice? At 101.325 kN m~? pressure, the 
constant boiling mixture from hydrochloric acid and water contains 20.22 per 
cent of hydrogen chloride by mass and has a density of 1.0962 g cm~*, What 
volume of this constant boiling mixture would be required to make 1 dm? of a 
1M solution of hydrochloric acid? 

7. Draw approximate boiling point-composition diagrams for the following 

systems. A and B give the components together with their separate boiling points, 

C gives the percentage by weight of B in the constant boiling mixture, and D gives 

the boiling point of the constant boiling mixture: 

A H,0 (100°C) H,0 (100°C) C,HOH (78°C) 
B HCI(—80°C) C3H,OH (97.2°C) C,H. (80°C) 
C 20.2% 11.7% 67.6% 
D 108.6°C 87.7°C 68.2°C 

8. How do an azeotropic mixture and a eutectic mixture (i) resemble, and 

(ii) differ from each other? 
9. How would you obtain, experimentally, the data which would enable you 

to draw Fig. 89? 
10. Explain two different methods for obtaining absolute ethanol. 

11. The constant boiling mixture of hydrochloric acid and water has a com-. 

position approximating to the formula HCl-8H,0. How would you try to con- 

vince a sceptic that the mixture was not a hydrate of hydrochloric acid? 

12. Draw typical equilibrium diagrams showing the variation of the per- 

centage composition of the vapour and liquid phases with boiling temperatures 

(at constant pressure) for mixtures of two completely miscible liquids A and B, 

which do not form a constant boiling mixture and of which A has the higher 

boiling point. Use the diagram to describe the changes which occur in the 

composition of the residual liquid and of the distillate when a 50 per cent mixture 

of A and Bis distilled. Describe one useful practical application of constant boiling 

mixture formation. (W.) 

13. Explain with the aid of diagrams how two liquids may be separated by 

distillation. What is the advantage of a fractionating column? In what circum- 

stances is it not possible to separate a mixture of two liquids by fractional dis- 

tillation. (O. Schol.) 

14. Write short notes on (a) azeotropic mixtures, (6) consolute temperatures, 

(c) theoretical plate, (d) drip point. 

15. Give examples of the use of steam distillation. 
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Solidification of solutions. Eutectics 

WHEN a Single substance, in the liquid state, is cooled, it solidifies (freezes) 

into a single solid, and there are very few complications, but a solution con- 

tains at least two components and there are various possibilities on cooling 
a solution until it wholly or partially freezes. 

1. Solidification of aqueous solutions of solids. On cooling a hot solution of 

sodium nitrate(v) in water, crystals of sodium nitrate(v) may separate out 
above 0°C, if the solution is concentrated enough ever to become saturated, 
but what will happen if the solution be cooled below 0°C, the freezing 
point of water? 

If a dilute solution of sodium nitrate(v) is cooled below 0°C, pure ice will 
form when the freezing point of the solution is reached. This freezing point 
will be less than 0°C, because the added solute lowers the freezing point of 
the water (p. 273). As ice is formed, the solution becomes more con- 
centrated so that its freezing point becomes lower still, but further cooling 
will deposit more ice. Eventually, at —17.5°C, the solution remaining will 
become saturated, and any further cooling will deposit a mixture of ice and 
solid sodium nitrate(v), the temperature remaining constant at —17.5°C 
until the whole system solidifies. 

If a concentrated solution of sodium nitrate(v) is cooled, crystals of pure 
sodium nitrate(v) will be deposited until, at a temperature of —17.5°C, 
a mixture of ice and sodium nitrate(v) will again crystallise out at a con- 
stant temperature. 

Such results, together with other useful information, can be summarised 
in a temperature-composition diagram (Fig. 98). The line BE represents 
the solubility curve of sodium nitrate(v) in water (compare Fig. 82, p. 229); 
the line AE shows the way in which the freezing point of water is lowered as 
more and more sodium nitrate(v) is added to it, 
Point E is known as the eutectic point; it is the lowest temperature which 

can be reached before the whole system solidifies. It is also the only point 
at which ice, solid sodium nitrate(v) and saturated solution of sodium 
nitrate(v) in water are in equilibrium. At the eutectic point the crystals 

This composition is given by C, i.e. 38.62 per cent by weight of sodium 
nitrate(v), and a mixture of this composition is known as the eutectic or the 
eutectic mixture. 

The terms cryohydric point and cryohydrate were originally used instead 
of eutectic point and eutectic mixture. This was because it was originally 
supposed that the eutectic mixture was a definite hydrate, and so the solid 
obtained by freezing it was called a cryohydrate. 

It is now known that the eutectic mixture is not a compound because 
(a) microscopic examination shows the presence of two kinds of crystal, 
particularly if coloured salts are involved, (6) only by chance does a 
eutectic mixture have a composition corresponding to a simple chemical 
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formula, and (c) the composition and melting point of a eutectic mixture 

change with pressure. 

The temperature-composition diagram for the sodium nitrate(v)-water 

system is divided into different areas. In area 1, below the eutectic point, 

only ice and solid sodium nitrate(v) can co-exist; everything is solid. In 

area 2, solid sodium nitrate(v) is in equilibrium with a saturated solution. 

In area 3, ice is in equilibrium with a solution. In area 4, a solution exists, 

with no solid present. 
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Fic. 98. Temperature-composition diagram for the sodium nitrate(v)-water 

system. 

2. Solidification of mixtures of two liquids without compound formation. A 

mixture of two liquids very often forms a eutectic on freezing in the same 

way as an aqueous solution of a solid, and the matter is particularly im- 

portant in a study of alloy systems. 

Pure zinc will melt on heating and resolidify, at its freezing point of 

419°C, on cooling; pure, molten cadmium will resolidify at its freezing 

point of 321°C. 

Addition of a little cadmium to molten zinc will lower the freezing 

point, but, on cooling, pure zinc will still separate out. The freezing point 

will continue to be lowered as more and more cadmium is added, or as 

more and more zinc separates out, until, eventually, a solid mixture of zinc 

and cadmium will separate. Similarly, addition of zinc to molten cadmium 

lowers the freezing point, and when sufficient zinc has been added, a solid 

mixture of zinc and cadmium again forms on cooling. 
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The temperature-composition diagram for a zinc-cadmium mixture is 
shown in Fig. 99. Point A shows the freezing point of pure zinc, and point 
B that of pure cadmium. The line AE shows the way in which the freezing 
point of zinc is lowered by adding cadmium; line BE shows the lowering of 
the freezing point of cadmium on adding zinc. 
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Fic. 99. Temperature-composition diagram for a zinc-cadmium mixture. um mixture. 

% BY MASS OF Cd ———> 

Point E is the eutectic point (270°C) at which an alloy of zinc and cad- mium first separates out, and the eutectic mixture formed has a composi- tion of 17 per cent zinc and 83 per cent cadmium. 
At all points above AEB the system is entirely liquid; in the area ACE, solid zinc is present with molten mixture; in BDE, solid cadmium is present with molten mixture; below CED the system is entirely solid. 
Other mixtures which form eutectics in the same way, include tin and lead, antimony and lead, gold and thallium, potassium and silver chlorides, bromomethane and benzene, and camphor and naphthalene. 

3. Solidification of mixtures of two liquids with compound formation. If two liquids form a solid compound on cooling, the temperature-composition diagram is of the type as shown for a magnesium-zinc mixture in Fig. 100, 
i i indi i fac und with 

2e The diagram is Most simply regarded as made up of two halves. The left- hand half, ABCD, shows the formation of a normal eutectic mixture from a mixture of magnesium and the compound MgZn,; the eutectic point is at X. The right-hand half, CDEF, shows a eutectic at Y, formed from a mixture of zinc and the compound MgZnp. 
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The diagram can be divided up into various areas within which different 

phase relationships hold, as indicated. 
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Solid Mg + 
Solid MgZny 

200 ! 
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Fic. 100. Temperature-composition diagram for a magnesium-zinc mixture. 

The formation of intermetallic compounds, and of compounds between 

pairs of organic substances, e.g. benzenol and aniline, is not uncommon, 

though the plotting of a temperature-composition diagram is often the only 

practical method of detecting the formation of such a compound. 

More than one compound can be formed and this will be shown by more 

than one maximum in the temperature-composition diagram. Iron(m) 

chloride, for example, forms many different hydrates with water as shown 

in Fig. 101. 

4. Solidification of mixtures of two liquids to form solid solutions. Pairs of 

substances which form eutectic mixtures do so because the substances concerned 

are not completely soluble in each other in the solid state. If two substances are 

soluble in the solid state they will form true solid solutions. Silver and gold pro- 

vide an example, with a temperature-composition diagram as in Fig. 102. 

The diagram is made up of two lines. One, known as the liquidus, shows the 
e 

i ition. The other, known as the solidus, shows 

the composition of the solid phase and the way in which the melting point of the 

solid mixture varies with composition. 
i identical if 

uper- i - i ided, but this is not necessarily so 

for a mixture. In fact, the majority of mixtures do not have sharp melting or 
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Fe,Cle4H,O0 

oe 
ee Fe, Clg: 5H,0 

x 

= S Fe2Clg-I2H,O 

a 0 

-60 
0 See sls “S;a80h 325. a0.) eas 
—— MOLS OF FeCl, 70 100 MOL_——> 

OF H,0 

Fic. 101. The formation of four distinct hydrates of iron(m) chloride. 
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Fic. 102. Temperature-composition diagram for silver-gold mixtures which form 
solid solutions. 
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freezing points; candle-wax, butter, chocolate and solder are common examples. 

freezing points. 
Solid solutions do not melt or freeze completely at one temperature. If a 

mixture containing silver and gold, of composition C, at temperature T is cooled, 
a solid of composition A will begin to separate out at temperature 7,. On cooling 
to temperature T>, a solid of composition B will separate out. Solidification will 
only be complete at 73. The liquid has, in fact, been depositing solid between 
T, and 73. Similarly, if a solid of composition C was heated it would begin to 
melt at 73, but would not be completely molten until 7;. 

This type of temperature-composition curve is also given by tin and bismuth, 
mixtures of.alums, and copper and nickel. The well-known copper-nickel alloys, 
Constantan and Monel are, in fact, solid solutions. The temperature-composition 
curve is analogous to that for a methanol—water mixture (p. 246), the only 
difference being that solid—liquid equilibria are concerned instead of liquid- 
equilibria. 

Similarly, mixtures of solids which form solid solutions can give temperature— 
composition curves with maxima and minima, just as liquid mixtures can (p. 249). 
Very few mixtures of solids give curves with a maximum, but fusion mixture 
(equal parts of sodium and potassium carbonate) provides a good example of a 
mixture of solids which give a minimum. The melting points of sodium and 
potassium carbonate are 820° and 860°C respectively; that of fusion mixture is 
690°C, 

QUESTIONS ON CHAPTER 24 

1. The following data applies to a mixture of gold and tellurium: 

%mass 0 10 20 30 40 42 50 564 60 70 82.5 90 100 
of Te 

f.p./ 1063 940 855 710 480 447 458 464 460 448 416 425 453 
2G 

Plot the phase diagram for the system. Sketch the cooling curve which would be 
obtained from a melt containing 50 per cent by mass of tellurium. 

2. The freezing point and the melting point of a pure substance are equal, but 
this is not generally so for most mixtures of two pure substances. Why is this? 
For what mixtures are the freezing point and melting point equal? 

3. The boiling point of a liquid can be defined as the temperature at which the 
vapour pressure of the liquid becomes equal to the external pressure on the 
liquid. What would be the comparable definition for the melting point of a solid? 

4, Every cryohydrate is a eutectic, but not every eutectic is a cryohydrate. 

Explain. 
5. A mixture of salt and sand is scattered on frozen roads in winter months. 

What does it do? 
6. The data below represent the temperatures at which solid begins to separate 

from fused alloys of zinc and antimony of the compositions shown: 

% Sb On 2 1020 304050) 60070575) 280; 90100 

sc 443 420 428 456 502 535 553 565 566 530 507 510 561 632 

Plot the figures on squared paper. What can you infer from the graph? What 

would happen if an alloy with 65 per cent antimony were gradually heated from 

400° to 600°? (O. Schol.) 
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7. The freezing points of molten mixtures of bismuth and cadmium are as 
follows: 

+ Cd 90 80 70 60 50 40 30 =20 10 0 
Temp. /°C 300 280 255 225. 195 145 175 205 235. 270 

Draw and interpret the freezing point curve. Describe and explain what will be 
observed on cooling each of the following from 400°C to 100°C: (a) pure Cd, 
(6) a mixture of 60 per cent Bi and 40 per cent Cd, (c) a mixture of 75 per cent Bi 
and 25 per cent Cd. (N.) 

8. Two metals, A and B, melt at 650°C and 225°C respectively. They form an 
intermetallic compound, C, containing 75 per cent of A which melts at 800°C. 
Mixtures containing 20 per cent and 90 per cent of A melt at constant tempera- 
tures at 150°C and 500°C respectively. Draw an approximate equilibrium dia- gram and label each area to indicate the equilibrium involved. Explain what happens on cooling liquid mixtures containing (a) 10 per cent, (6) 50 per cent, (c) 90 per cent of A. Describe the effect of melting a mixture of zinc in a lead— 
silver alloy. Comment on the practical application which is made of this process. 
(W.) 

9. Use the following data to draw a temperature-composition diagram for the 
water-sulphur trioxide system: 

f.p./°C —20 —70 —60 —28 —28 —50 —-48 2 4 —26 —22 6 6 % O0fSO; 10 30 36 44 48 57 61 67 71 BD Th ws 
Comment on the nature of the diagram. 

10. Solid solutions may be either substitutional or interstitial. Explain, with illustrative examples, what this means. 
11. What are the criteria which decide whether two metals will form solid solutions ? 
12. What are Hume-Rothery’s rules? 
13. Write an account of ‘metallic alloys’. 



Chapter 25 

Vapour pressure, boiling point and freezing 

point of solutions with non-volatile solutes 

THERE are certain properties which are common to all solutions with non- 

volatile solutes and which vary with the composition of the solution in the 

same sort of way. The most important of these properties are the vapour 

pressure, the boiling point, the freezing point and the osmotic pressure. 

Each of these can be measured for solutions of different concentration and 

the results obtained depend, essentially, on the total number of solute 
particles present in a fixed amount of solvent. For this reason the proper- 

ties are sometimes known as colligative properties. 
- The laws governing these colligative properties are generally known as 

solutions because _it_is only at low concentrations that the solutions ; 
__approximate to ideal solutions (p. 243). cotunwt Yor tlwens m boas CEL 

0 
The vapour pressure, boiling point and freezing point of dilute solutions" 

are considered in this chapter. Osmotic pressure is considered in Chapter 

26. 

VAPOUR PRESSURE OF SOLUTIONS 

1. Raoult’s law. The way in which the vapour pressure of an ideal solution 

(p. 244) changes with composition of the solution is summarised in Raoult’s 

law (p. 243) first put forward as a result of experimental measurements in 

1886. The law can be stated in three ways. 

First, the partial vapour pressure of A in a solution, at a given temperature, 
is equal to the vapour pressure of pure A, at the same temperature, multiplied 
by the mole fraction (p. 227) of A in the solution. 

For solutions made up of volatile solvents and non-volatile solutes, the 

total vapour pressure of the solution will be equal to the partial vapour 

pressure of the solvent, for the solute will nc tribute to the vapour 

pressure. Thus 

Psoin = Psov X Mole fraction of solvent 

or 1 — 2812 — 1 — Mole fraction of solvent 
Psotv 

Psow — Psotn 4 _ Mole fraction _ Mole fraction 

at Dinan G0 of solvent ~ of solute 

This is the second form in which Raoult’s law can be expressed. In words, 

the relative lowering of the vapour pressure of a solution containing a non- 

volatile solute is equal to the mole fraction of the solute in the solution. 
“If n is the number of molecules, or moles, of solute in a solvent, and N 

the number of molecules, or moles, of solvent, Raoult’s law is expressed as 

Psotv — Psoin __ n 

Psoiv gat n+wN 

For dilute solutions, will be small as compared with N, so that (n + N) 
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will be approximately equal to N. Moreover, for any given solvent, P,o1v 
will be constant, so that 

n 
‘ Psoiy — Dsoin © N 

and, for a given quantity of solvent, N will also be constant so that 

Psotvy — Psoin & 
This I SniebeE ae f aloes lise 

solved in the same quantity of the same solvent will produce the same lowering 
r lahisieena chad FR ifs daw: 3 
TI . l li fi iil 1 . ae s 1 il 1 a Mie 

Moreover, it in 10 
solution. If a solute dissociates, more particles will be present in solution pa 
than if it did not dissociate, and the lowering of vapour pressure will be ~@” 
proportionately greater. Association of a solute would give fewer particles 
in solution with a proportionately smaller lowering of vapour pressure. 

If a solute with molecules AB caused a lowering of vapour pressure of x 
without dissociating or associating it would cause a lowering of 2x if it 
completely ionised into A+ and B~ or a lowering of x/2 if it completely 
associated into (AB), particles. The lowering of vapour pressure is reall ; Paienivad aes 7" 

particles can be molecules, ions or associated molecules, or a mixture of all 
three. 

2. Derivation of Raoult’s law from Henry’s law or the partition law. The general- 
ised form of Henry’s law states (p. 240) that the concentrations of any single 
molecular species in two phases in equilibrium bear a constant ratio to each other 
at a fixed temperature. 

Consider a solution containing m mol of solute and N mol of solvent. The mole 
fraction of solvent will be N/(n + N), and this is a measure of the concentration 
of solvent in the solution. The vapour pressure of the solution (Psoin) is propor- 
tional to the concentration of solvent moiecules in the gaseous phase above the 
solution. Therefore, 

Wire N) = a constant 

For the pure solvent, the mole fraction of solvent, i.e. the concentration of 
solvent, will be 1 or N/N. The vapour pressure of the solvent (Deoty) Will be pro- 
portional to the concentration of solvent in the gaseous phase above the solvent, 
Therefore, 

Psotv oo 
NIN the same constant 

Therefore, 

Psoin — Psoty 

Nin+ NN) NIN 

Psoty N+n7 or See ee 
Psoin N 

Psoly — Psotn n or = 

Psoty N a n 

which is the expression of Raoult’s law. 
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3. Determination of relative molecular masses from vapour pressure measure- 

ments. The expression of Raoult’s law 

Psoiy — Psoin a n = n 

Psotv N+n N 

can be written as 

Psoiy — Psoin = w/m, ~ w/m, 

Psoty w/m, ote W/M,; W/M, 

where w is the number of grammes of solute dissolved in W gramme of 

solvent, and m, and M, are the relative molecular masses of the solute and 

solvent respectively. 

If the relative lowering of the vapour pressure be measured for a known 

concentration of solution, and if the relative molecular mass of the solvent 

is known, then the relative molecular mass of the solute, m, can be calcu- 

lated as this will be the only unknown in the above expression. The correct 

value for the relative molecular mass would only be obtained if there was 

no dissociation or association. 

The method is of very little practical significance because experimental 

measurement of the depression of freezing point or 

re the elevation of boiling point of a solution give the 
To - 

manometer same result more easily and accurately. 

and 
u 
cor 4. Measurement of vapour pressure. 

Condenser 
a. Barometric method. Raoult measured vapour 

pressures by introducing a little of a liquid or a 

solution into the Torricellian vacuum of a baro- 

meter tube and measuring the depression of the 

mercury level. The method is not, however, very 

accurate or very convenient. 

b. The isoteniscope. One of the best methods for 

measuring the vapour pressure of a liquid or a 

solution makes use of an isoteniscope (Fig. 103). 

Some liquid or solution is introduced into the 

small bulb. A, and the adjacent small U-tube, B. 

The liquid is boiled until all the air in the space, 

C, has been displaced. The bulb and U-tube are 

then placed in a thermostat. The pressure in the space, C, will be equal to 

the vapour pressure of the liquid or solution concerned, at the temperature 

of the thermostat. 

The external pressure is then adjusted until the liquid levels in the two 

limbs of the U-tube are equal. When this is so, the external pressure, 

measured on a manometer, is equal to the vapour pressure in the space, C. 

Fic. 103. An isoteni- 

scope. 
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c. Gas saturation method. If a measured volume, V cm?, of dry air at a pressure P, 
and a temperature 7, is slowly passed through a liquid at temperature T, so that 
the air becomes saturated with vapour, the loss in mass of the liquid will give the mass of vapour contained in the known volume of saturated air. The volume occupied by this mass of vapour (v cm?) at P and T can be calculated as it is known that 1 mol of the vapour would occupy 22400 cm at s.t.p. In the saturated air there is, then, v cm? of vapour and V cm? of air. The vapour pressure of the liquid concerned must, therefore, be equal to P multiplied by vo/(V + v). 

5. Measurement of relative vapour pressure lowering. The relative difference 
between the vapour pressure of a solution and that of the pure solvent can 
be measured without, necessarily, measuring each vapour pressure sepa- 
rately. The method of Ostwald and Walker is the commonest (Fig. 104). 

Solution Solvent CaCl, U-tubes ee SS : ‘ : : (if water is used) Loss in mass & Peoin Loss in mass 
ee (Psolv—Psoin) Gain in mass a Psolv 

Fic. 104. Ostwald-Walker method of measuring the relative lowering of vapour pressure. 

A slow stream of dry air is passed through a weighed series of bulbs con- taining the solution. i i the vapour pressure of the solution, so that 
Loss in mass of ‘solution’ bulbs (W1) = kDeotn 

The air is then passed through a similar series of bulbs, of known mass, containing pure solvent. The air takes up more vapour as the vapour pressure of the solvent is greater than that of the solution, The extra mass of vapour absorbed will be Proportional to (pso1, — Psoin); so that 

Loss in mass of ‘solvent’ bulbs (W2) = K(pyory — Dsoin) 
It follows that 

Ww. Ww W2 = kpsory — Wi or Psoty = ba Beas k 
so that the relative lowering of vapour pressure is given by 

Psotv — Psoin gash W2 SO 

Psotv W2 a Wy 

If aqueous solutions are being used the air can be passed through weighed U-tubes containing anhydrous calcium chloride after passing 
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through the aqueous solution and pure water. The increase in mass of the 

U-tubes will then give the value of (wz + w;) directly. 
: : of 

constant throughout, for vapour pressures change with temperature 

BOILING POINT OF SOLUTIONS 

6. Relationship between boiling point and vapour pressure. The vapour 

pressure of a pure solvent rises with increasing temperature, as shown in 

Fig. 105. When the vapour pressure reaches the external pressure the 

External 
pressure 

VAPOUR PRESSURE ——> 

TEMPERATURE ——>- 

Fic. 105. Relationship between lowering of 

vapour pressure and elevation of boiling point. 

solvent boils, so that the boiling point of the pure solvent is 7. A solute 

dissolved in the solvent gives a solution, (1), with a lower vapour pressure, 

which will increase with rise of temperature as the vapour pressure of the 

pure solvent does. The boiling point of the solution will be Ti, which is 

higher than the boiling point, 7, of the, pure liquid. Dissolving a_non- 

Addition of more solute to form solution 2, will give a still further 

lowering of vapour pressure and raising of boiling point (72). 

In dilute solutions the areas ABC and ADE are approximately similar 

triangles and 1 

Elevation of b.p. in 1 _ Lowering of v.p. in 1 

a Elevation of b.p.in2 Lowering of v.p. in 2 
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wok . Wyk A Wd 
The elevation of boiling point of a dilute solution is; therefore, proportional 
to the lowering of the vapour pressure of the same solution. 
7. Determination of relative molecular masses from boiling point measure- 
ments. Because equimolecular quantities of any non-volatile solute dis- 
solved in a given quantity of solvent produce the same lowering of vapour 
pressure and because lowering of vapour pressure and elevation of boiling 
point are proportional, it follows that equimolecular quantities of any non- 
volatile solute dissolved in a given quantity of solvent produce the same 
elevation of boiling point. As with vapour pressure lowering, this is only 
true provided the solute does not dissociate or associate in solution. 

The elevation of boiling point produced by dissolving 1 mol of any non- a ; 3 aa : : Tr [tg ctl din volatile solute, which does not dissociate, or associate, in 100" ¢ a 
particular solvent is known as the boili g Doint constant or the ebullio- 
Scopic constant or the molar elevation constant for that solvent. 

Some experimental values for common solvents, obtained by using 
solutes of known relative molecular masses, are 

Water SK Benzene 27.0 K 
Propan-2-one 17.0 K Ethanol (95.6%) 1S K 
Ethoxyethane 21.0 K Trichloromethane 36.6 K 

These constants are for 1 mol of solute in 100 g of solvent, and the 
use of such figures can be criticised on the grounds that 1 mol of a solute 
will not, generally, dissolve in 100 g of a solvent, or, if ‘it will, the solutions 
obtained will be far too concentrated to obey the laws of dilute solutions. 
Boiling point constants are, therefore, sometimes quoted for 1 kg or 1 dm’ of solvent, and care must be taken in using quoted figures. 

Taking water as solvent, and using a solute of relative molecular mass 
M,, it follows that 

Mass of solute Mass of solvent Elevation of b.p. 

1 mol 100 g 5.2K 
M, g 100 g Seek 

100 M, 2X g Weg DO w * 

100" ee xg Weg D2. XW *u,* 

If T K is the measured elevation of boiling point for a solution of x gramme of a solute of relative molecular mass, M, dissolved in W gramme of water, 

M, = 5:2.X 100 x x or 

nie Tx W 
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f 
WW 

NM = 4 L a avku iC 

7 h mob wt 
4) = nord 

WOE 

100 (/600) 

For.a solvent with a boiling point constant of BK 

Bx 100 x x 

Dees POW 
nauelat. 

By measuring T for a known/concentration of solute in a solvent whose 

boiling point constant is known the relative molecular mass of the solute 

can be obtained. 

It_must_be emphasised that correct values will only be obtained if the 

Solute does not dissociate or associate, and if dilute solutions are used. 
Moreover, there must be no chemical reaction between the solute_and 

solvent, and the solute used_must be non-volatile. 

8. Measurement of elevation of boiling point. The apparatus used for 

measuring boiling points or boiling point elevations, is simple, in principle, 

but complicated in detail because of the precautions which have to be taken 

to ensure steady and uniform heating and to avoid superheating and loss of _ 

solvent: 

a. Beckmann’s method. The apparatus is shown in Fig. 106. A is a glass 

tube which contains the liquid or solution under test. A side arm, B, is 

po began HD = Liquid 
To 

condenser 

condenser 

aroun GAN 

Fic. 106. Beckmann’s apparatus ‘for measuring poiliie points. 

connected to a condenser so that there will be no loss whilst the liquid or 

solution is boiling in A. The actual boiling point is measured on a thermo- 

meter, T. A contains some glass beads, or fragments of unglazed porceiain, 
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X, and has a short length of platinum wire, Y, sealed through it, to mini- 
mise superheating. 

The liquid or solution in A is not heated directly. It is surrounded bya 
glass jacket, D, containing the same liquid as A and also fitted with a con- 
denser to avoid loss when the liquid is boiling. The whole is mounted on an 

asbestos tray, F, which has a small hole in the centre 
covered with fine wire gauze, G. Heat is provided bya 
small Bunsen burner flame below the wire gauze. The 
asbestos tray has two chimneys fitted, H, to conduct 

Upper __ hot air away. 
reservoir In use, a known mass of pure solvent is placed in 

A and its boiling point is measured. A pellet of solute, 
of known mass, is then added through the side arm, B, 
and the higher boiling point of the resulting solution is 
measured. Further pellets, of known mass, are added 
so that readings for solutions of higher concentrations 
may be obtained. Plotting the measured boiling point 
elevations against the total mass of solute added en- 
ables the different experimental readings to be averaged. 

To obtain good results great care is required and 
accurate temperature measurement is essential. This is 
best achieved by using a Beckmann thermometer, 
which is designed to measure small changes in tempera- 
ture and not individual, absolute temperatures (Fig. 
107). 

It consists of a large thermometer bulb at the bottom of Fic. 107. A Beck- a fine capillary tube. As the bulb is large and the capillary mann thermo- fine, a small change of temperature causes a considerable meter. movement of the mercury level in the capillary. Tempera- 
ture differences of 0.01 K can, therefore, easily be observed. The whole scale of a Beckmann thermometer covers only about 6 K. To ensure that the level of mercury in the capillary is on this scale, no matter at what temperature the thermometer is being used, the amount of mercury in the thermo- meter bulb has to be variable. This is achieved by having a reservoir for mercury at the top of the thermometer, When it is being used at high temperatures some of the mercury from the thermometer bulb is transferred into the upper reservoir. At low temperatures, mercury from the reservoir is brought down into the thermometer bulb. The thermometer has to be set in this way before use. 

b. Landsberger-Walker method. The apparatus used in this method is 
shown in Fig. 108. Pure solvent is first placed in the graduated glass tube, 
A, and vapour from the same solvent, boiling in a separate vessel, is passed 
in through the tube, B. The vapour eventually causes the solvent in A to 
boil, and also provides a thermal jacket around A, passing out of A 
through a small hole at the top. 
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When the solvent in A is boiling its boiling point is recorded on a ther- 

mometer, T, graduated in tenths of a degree. A pellet of solute, of known 

mass, is then added to the solvent in A, solvent vapour is again passed 

through the resulting solution until it boils, and the boiling point is 

recorded. At this point, the passage of solvent vapour is stopped so that the 

volume of solution in A can be recorded. 

_— 
Vapour from 
boiling solvent 

B 

~~» To 
condenser 

Fic. 108. Landsberger-Walker apparatus. 

More vapour is passed into A until the solution is sufficiently diluted for 

a second boiling point and volume reading to be taken. Third and fourth 

sets of readings must also be taken, and the results averaged. 

As it is the volume of solution which is measured in this experiment the 

readings must be converted into masses by multiplying by the density of 

the solvent at its boiling point. Alternatively, boiling point constants ex- 

pressed in terms of 100 cm? of solvent and not 100 g can be used. In both 

cases the density of the dilute solution is taken as being equal to the density 

of the pure solvent. 

The method is quicker and simpler, but less accurate than Beckmann’s 

method. Super-heating is avoided by using solvent vapour as the source of 

heat. 

It is not readily apparent why it is possible to boil a solution by passing in the 

vapour of a solvent with a lower boiling point than the solution. Consider an 
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aqueous solution with a boiling point, say, of 102°C, which is at 100°C. The water 
vapour above this solution will be at 98°C, say. If steam, at 100°C, is passed into 
the solution, it cannot pass through the solution, for, if it did, it would have to 

be in equilibrium with water vapour at 98°C. The 
TEN TO steam, therefore, condenses and gives up its latent 

condenser heat to the solution at 100°C. In theory the 
temperature of the solution is raised to its boiling 
point of 102°C when the vapour in equilibrium with 
it is steam at 100°C. 

c. Cottrell’s method. In Cottrell’s apparatus (Fig. 
109) a small funnel is placed in the boiling liquid or 
solution in order to direct a stream of vapour and 
boiling liquid over the thermometer bulb, which is 
itself out of the main bulk of the liquid. 

The glass tube, A, containing the liquid or solu- 
tion has a platinum wire sealed through it or a small 
piece of porous pot added. It is heated, very gently, 
by a small flame from below. 
A known mass of solvent is placed in A and its 

Pt wire boiling point is measured. Pellets of solute, of known 
Fic. 109. Cottrell’s mass, are then added and the boiling points of the 
apparatus. solutions obtained are measured. 

FREEZING POINT OF SOLUTIONS 

9. Relationship between freezing point and vapour pressure. The vapour pres- 
sure of a pure liquid changes with temperature as shown in Fig. 110. At the 

VAPOUR PRESSURE ——>- 

TEMPERATURE ———> 

Fic. 110. Relationship between lowering of vapour 
pressure and lowering of freezing point. . 

freezing point of the liquid, T, there is a sharp change in the curve, the vapour pressure—temperature curve below T being that for a solid. Ifa non- 

> 
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and the vapour pressure-temperature curve will be as shown in Fig. 110. 

The freezing point of the solution 1 will be 7;. Dissolving a non-volatile 

solute in a liquid causes a lowering of freezing point. 
Addition of more solute to form solution 2 causes a further lowering of 

vapour pressure, and the freezing point falls to T>. 

For dilute solutions the areas abe and adc are approximately similar 

triangles so that, as for the elevation of boiling point (p. 268), the lowering 

Vi vapour pressure of the same solution. 

Notice that this will only apply to a solution which, on freezing, deposits 

pure solid solvent. 

10. Determination of relative molecular mass by freezing point measure- 

ments. Lowering of vapour pressure, elevation of boiling point, and lower- 

_ing of freezing point are all proportional to each other, and all depend on 

the total number of solute particles in a solution. Thus 1 mol of any non- 

volatile solute, which does not dissociate or associate, dissolved in 100 g 

of any particular solid will cause the same lowering of vapour pressure, the 

same elevation of boiling point, and the same lowering of freezing point. 

of solvent is called the freezing point constant, the cryoscopic constant or the 

_molar depression constant for the solvent. Some experimental values are 

Water 18.6 K Benzene 50.0K 

Ethanoic acid 39.0 K Camphor 400K 

As for boiling constants, figures may be quoted in terms of 1 kg or 

1 dm? of solvent instead of 100 g, and care must be taken to use the 

appropriate figures. 

Freezing point measurements can be used in just the same way as boiling 

point measurements to determine relative molecular masses. Using a 

solvent with a cryoscopic constant of F K, 1 mol of any solute dissolved in 

100 g of the solvent will give a freezing point depression of F K. x gramme 

of solute, of relative molecular mass M,, dissolved in W gramme of solvent 

will give a depression of 
100 x 

FX W x M. K 

if, therefore, the measured freezing point depression for such a solution 

isTK, 
100 x 

ee ee 
F x 100 X x 

a Mee gtk Bid 
Correct values for relative molecular mass will only be obtained if (a) the _ 

solute used is non-volatile, (b) the solute does not dis
sociate or associate, 
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(c) dilute solutions are used, (d) there 1s no chemical reaction between 
solute and solvent, and (e) the solution, on freezing, deposits pure, solid 
solvent. 

11. Measurement of lowering of freezing point. The lowering of freezing 
point can be measured more accurately, and with less trouble, than 
the elevation of boiling point. The main difficulty is in avoiding super- 
cooling. Uw di Hill tr aod an f pat oalan y yy 
prlrent ALPar atta an Aba ths CORK H. ha ryt UMN ange a 
a. Beckmann’s method (Fig. 111). An inner glass tube, A, with a side arm, ,;, pe a 
B, is used to contain the liquid or solution. The tube is fitted with a ther-. Lbamt{ 
mometer, which, for accurate work, must be a Beckmann thermometer ° » : 

(p. 270), and a stirrer passing through a‘ “OF 
short glass collar in the stopper. A fits 
into an outer tube, C, which provides an 
air jacket. The whole can be immersed in 
a freezing mixture which also contains a 
stirrer. 

A known mass of solvent is placed in 
A, and, to save time, the solvent is first 
just solidified by immersing A directly 
in the freezing mixture. A is then warmed 
by holding in the hand whilst the solvent 
is well stirred. When all the solvent has 
melted, A is placed in the outer tube, C, 
and the whole is placed in the freezing 
mixture. The solvent is stirred steadily, 
and the freezing mixture is also stirred. 
Slow, steady cooling of the solvent is 
necessary. 

The temperature recorded on the 
thermometer drops steadily and, because 
of some supercooling, which cannot be Figcllte Bockuann’s anceritns avoided, it reaches a level below that of for measuring freezing points, the true freezing point of the solvent. As 
soon as crystallisation occurs, however, the temperature rises a little to the correct freezing point level and remains steady for a while. This steady temperature is recorded. In case too much super-cooling has taken place three readings must be taken. 

A pellet of solute, of known mass, is then added to the solvent in A through the side arm, B, and is allowed to dissolve. The freezing point of the resulting solution is measured in the same way as for the pure solvent. Further pellets, of known mass, are also added to give readings for solu- tions of higher concentrations. 

RA 4 
) te 

Wry, Guns 
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b. Richards’ method. This method is simple, but lengthy, for aqueous solutions 
which can easily be analysed. It is difficult to carry out for non-aqueous solutions. 

The solution concerned is mixed with ice in a vacuum flask. After some hours, 
equilibrium is established between the solution and the ice, at the freezing point of 
the solution. At this stage, the temperature is recorded and a sample of the solu- 
tion is withdrawn for analysis. The freezing point of a solution of known con- 
centration is, therefore, found. 

c. Rast’s method. This method makes use of the very high (400°C) freezing point 
constant of camphor. It can, however, only be used for solutes which dissolve in 
molten camphor. The resulting solutions have freezing points so much lower than 
that of pure camphor that the difference can be measured quite accurately using 
an ordinary thermometer and the ordinary method of measuring melting points 
using a melting point tube immersed in a suitable heating bath. 

The melting point of camphor is first measured. The freezing point constant 

for that particular sample of camphor is then found by measuring the melting 

point of a mixture of a known mass of the camphor with a known mass of a solute 

of known relative molecular mass. The mixture is made by melting the two solids 

together and powdering the mass remaining on cooling. 

Once the freezing point constant has been measured for the camphor sample it 

can be mixed with a solute of unknown relative molecular mass, in measured 

masses, and the melting point of the solution can be measured. 

12. Boiling or freezing point constants and specific Jatent heat. Because of the 

relationship between evaporation and vapour pressure (p. 79), it is not surprising 

that there is also a relationship between the specific latent heat of a liquid and its 

boiling point or freezing point constants. 

The boiling point constant is related to the specific latent heat of vaporisation; 

the freezing point constant to the specific latent heat of fusion. The relationship, 

in both cases is 
__ 0.08327? 
vu Je 

where K is the boiling point or freezing point constant, T the absolute tem- 

perature, and L the specific latent heat of evaporation or fusion. The number 

0.0832 is derived from R (the gas constant) divided by 100 (p. BD): 

For water, with T = 273 K and specific latent heat of fusion = 334.8 J g7', 

the calculated freezing point constant is 18.6 K. 

K 

DISSOCIATION AND ASSOCIATION 

13. Introduction. The colligative properties of solutions, i.e. the lowering of 

vapour pressure, the elevation of boiling point, the depression of freezing 

point and the osmotic pressure, all depend on the total number of solute 

particles present in a solution. 

A solute which dissociates in solution by splitting up, either completely 

or partially, into ions will provide more particles than would otherwise be 

present and it will cause an increased effect. One which associates, by the 

linking together, either completely or partially, of solute molecules, will 

provide fewer particles and a decreased effect. 

A relative molecular mass calculated from a measured effect which, on 

account of ionisation, is too high, will be too low. A relative molecular 

mass calculated from a lowered effect, due to association, will be too high. 
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Such anomalous results were first noticed by van’t Hoff who introduced 
an empirical factor, i, to right matters. Such a factor, used before the cause 
of the anomalous results was understood, is not, now, of much significance. 

14. Degree of ionisation. If a molecule, AB, ionises completely into A+ and 
B™ ions, one molecule will produce two ions, 

AB — A++B- 
Before ionisation 1 particle att es Ey 
After complete ionisation 0 particles 2 particles 

A solution made from AB molecules would, therefore, produce twice the 
effect than an equal amount of solute which did not dissociate. 1 mol of 
sodium chloride (NaC), for example, dissolved in 100 g of water would 
lower the freezing point by 18.6°C if sodium chloride did not dissociate. 
If it is assumed that sodium chloride dissociates completely into Na+ and 
Cl~ ions the observed depression of freezing point will be 37.2°C. 
A molecule, e.g. AB, ionising completely into A?+ and two B- ions 

will provide three ions, giving three times the effect, and so on. 
When the ionisation is not complete but only partial, it is measured by 

what is known as the degree of ionisation. This can be expressed as a 
percentage or as a fraction. Thus, a degree of ionisation of 50 per cent 
means that 50 per cent, or half, of all the molecules originally present split 
up into ions. If 1 mol of solute was originally present, 0.5 mol will form 
ions and 0.5 mol will not. 

For 1 mol of a solute, AB, giving A+ and B- ions, the situation, if the 
degree of ionisation is «, will be as follows: 

AB —_ At B- 
Original amount before 1 mol 0 0 

ionisation 
Amount after ionisation , 

toa degree, « (1 — «) mol « mol « mol 
The number of particles present is proportional to the number of moles, 

so that ionisation causes a proportional change in the number of particles 
from 1 to(1 + «). The ratio of the expected effect, i.e. that resulting if there was no ionisation, to the actual effect caused by ionisation will be 
1:(1 + a); tgllowtald 

xpected effect if no ionisation euoitl 
iAgival effect caused by ionisation 1+ « 

For a solute, AB,, giving A2+ and two B- ions, the situation will be: 
AB, — A’*+ + 2B- 

Original amount before 1 mol 0 0 
ionisation 

Amount after ionisation (1 — «) mol «mol 2« mol 
to a degree, « 
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Tn such a case, 

Expected effect —1 
Actual effect = 1 + -2« 

Such relationships apply to any of the four colligative effects—the lowering 

of vapour pressure, the elevation of boiling point, the depression of 

freezing point, and osmotic pressure. If any one of these four effects is 

measured, and a relative molecular mass calculated from the measurements, 

then 

Real relative molecular mass_ _ 1 +« (for AB) 
Apparent relative molecular mass 11 

Ota Li (for AB,) 

Alternatively, the degree of ionisation of a solute whose real relative 

molecular mass is known can be obtained by measuring its apparent 

relative molecular mass. 

QUESTIONS ON CHAPTER 25 

1. The lowering of vapour pressure of a solution of 108.2 g of a substance X 
in 1 kg of water at 20°C is 24.79 N m~?. The vapour pressure of water at 20°C 
is 2.338 kN m~?. Calculate the relative molecular mass of X. 

2. Explain why a liquid at a given temperature has a definite vapour pressure. 
How would you attempt to measure the vapour pressure of benzene at 60°C? 
(O. Schol.) 

3. How would you determine the vapour pressure of water at various tem- 
peratures between 20°C and 100°C. Explain what use can be made of measure- 
ments of vapour pressures of pure liquids, solutions, and mixtures. (O. Schol.) 
A. What is Raoult’s law? An acidic substance was made up into two solutions, 
A and B, A containing 15.0 g of the substance in 100 g of water, and B con- 

taining 6.9 g of the substance in 100 g of benzene. These solutions, A and B, 

had vapour pressures of 99.13 and 99.02 kN m~’ respectively at the boiling points 

of the pure solvents at 101.325 kN m~? pressure. Calculate the apparent relative 

molecular mass of the substance in each case. Suggest a reason or reasons why 

the results differ in the two solvents, and outline briefly an experiment to confirm 

your suggestions. (C. Schol.) 
© 10 g of a non-volatile substance, X, is dissolved in 100 g of benzene. The loss 

ir’ mass of the solution on bubbling a slow stream of air through is 1.205 g. The 

same volume of air passed through pure benzene under the same conditions 

caused a loss of 1.273 g. What is the probable relative molecular mass of X? 

A. Air was drawn very slowly over a solution of 38.89 g of a sugar in 100 g of 

water, then over distilled water at the same temperature and then brought through 

tubes of anhydrous calcium chloride of known mass. The loss in mass of the 

distilled water was 0.0921 g and the gain in mass of the calcium chloride tubes 

was 5.163 g. Calculate the relative molecular mass of the sugar. 

A. Show, with the aid of a vapour pressure-temperature diagram, how the 

changes of vapour pressure, boiling point, and freezing point caused by dissolving 

4 non-volatile solute in water are interrelated, and state how these properties of a 

solution vary with concentration. 
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Two solutions containing respectively 4.45 g of anthracene (molecular weight 
= 178) and 6.42 g of sulphur in 1 kg of carbon disulphide have the same vapour 
pressure at the same temperature. What is (a) the molecular formula of the dis- 
solved sulphur, (6) the relative lowering of the vapour pressure? (W.) 
8. The boiling point of ethanol is 78°C and its molar elevation constant per 

100 gis 11.5 K. A solution of 0.56 g of camphor in 16 g of ethanol had a boiling 
point of 78.278°C. Calculate the relative molecular mass of camphor. 
“9. You are given a clinical thermometer graduated at intervals of 4th from 

94°F to 110°F. Devise a simple small-scale apparatus, using the thermometer 
and the ordinary materials of a laboratory, for determination of the relative 
molecular mass of a substance soluble in ethoxyethane. Ethoxyethane boils at 
95°F and has a molecular elevation (K) of 2.11°C for 1 kg (or 3°C per dm’). 
What mass of phenylamine (CsH;N) when dissolved in 20 cm? of ethoxyethane 
would raise the boiling point by 6°F? (Army and Navy.) 

10. A solution of 0.06 g of a non-electrolyte AB, of high boiling point, in 100 g 
of water had a freezing point 0.006 K below that of pure water. A 0.1 g sample 
of AB, vaporised at atmospheric pressure, occupied a volume of 36.52 cm? 
at 200°C and 45.74 cm? at 240°C. What can you deduce from these data? (x 
Schol.) 

11. If a volatile solute is added to a solvent what effects may be noticed in the 
total vapour pressures of the mixture? What difference would there be if the 
solute were non-volatile? Explain the importance of these observations either on 
the separation of two volatile liquids by distillation or on the determination of 
relative molecular mass in solution. (O. & C. S.) 

12. (a) Draw a diagram to show the effect on the vapour pressure of a volatile 
liquid of adding successive quantities of a non-volatile solute. (6) Draw diagrams 
to show the possible variations in vapour pressure at, say, 15°C when two volatile 
liquids (completely miscible) are mixed in varying proportions. Why is it not 
possible to tell from these diagrams whether the two liquids will form a constant 
boiling mixture or not? (c) Draw the temperature-composition diagram for two 
volatile liquids showing a constant boiling maximum. What is the pressure rep- 
resented on this diagram? (O. & C. S.) 

13. Solution of 0.142 g of naphthalene in 20,25 g of benzene caused a lowering 
of freezing point of 0.284 K. The molar depression constant per 100 g of benzene 
is 51,2 K. Calculate the relative molecular mass of naphthalene. 
A4. (a) The melting point of camphor is 177.5°C, whilst that of a mixture of 

1 g of naphthalene (M.W. = 128) and 10 g of camphor is 147°C. What is the cryoscopic constant for camphor? The melting point of a mixture of 1 g of N-phenylethanamide (acetanilide) and 10 g of camphor is 148.5°C. What is the relative molecular mass of N-phenylethanamide? (6) What do you think are the advantages and disadvantages of Rast’s method for molecular mass measurement ? 
5. If you had to determine the relative molecular mass of an organic non- electrolyte, what considerations would influence your choice between the boiling and freezing point methods? 

16. Describe an experimental method for finding the relative molecular mass of cane sugar by studying its effect on the freezing point of water. 
Two solutions, one containing 10 g of potassium chloride per kg water and the other 10 g of cane sugar, C,2H22011, per kg water, are allowed to cool in the same freezing bath. (a) From which solution, and at what temperature, will ice separate; and (6) how much ice will have separated from that solution by the time it first appears in the other? Super-cooling should be neglected in this calculation and the salt should be regarded as completely dissociated. The freezing point constant for 1 kg water is 1.86 K mol-}. 
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. The freezing point of a solution of 20 g of mercury(m) chloride in 1 kg of 
ater was —0.138°C. Would you expect this solution to conduct an electric 

current? Give reasons for your answer. 
18. What advantages and disadvantages has ethane-1, 2-diol (ethylene glycol) 

over methanol as an anti-freeze for use in car radiators? 
19. A car radiator contains 12 dm* of water. Addition of 5 kg of ethane-1,2- 

diol (ethylene glycol) lowers the freezing point by 12 K. What mass of (a) propane- 
1,2,3-triol or glycerol, and (6) methanol would be required to give the same 
protection against freezing? 



Chapter 26 

The osmotic pressure of solutions 

1. Diffusion. Gases diffuse quite rapidly (p. 38), but liquids and solutions, 

and even solids, will also diffuse, if more slowly. 

Two miscible liquids, for instance, diffuse throughout the whole mixture 

until it is homogeneous. A solution will also diffuse into another solution, 

or into pure solvent, so long as the pairs of substances used are miscible. 

It is possible, with care, to pour a saturated aqueous solution of copper(i) 

sulphate(v1) through a tube into a vessel containing water so that the blue 

saturated solution, with a higher density than water, forms a well-defined 

lower layer. On standing, the two layers slowly merge, until a homo- 

geneous mixture of uniform concentration is obtained. Water diffuses into 

Dilute 
solution 

Semi-permeable 
membrane (prevents 
passage of solute) fe 

SOLVENT 
Concentrated 

solution 

Diffusion Osmosis 

Fic. 112. Diffusion and osmosis. The bold arrows indicate quicker rates of 
diffusion than the dotted arrows. 

lvent in i j ion. 
In osmosis, there is an overall passage of solvent into the concentrated 

the copper(m) sulphate(v1) solution, and copper(m) sulphate(v1) diffuses 
into the water layer. 

It is not easy to make accurate measurements on such a system, but it 
can be shown that the rate of diffusion, measured as the mass of solute 
passing in unit time from solution to solvent, increases rapidly with rise of 
temperature and is directly proportional to the concentration of the solu- 
tion used. Such results would be expected from the kinetic theory. 

Similar diffusion will take place if two solutions of unequal concentration 
are in contact. Solvent will pass from the dilute to the concentrated 
solution, and solute will pass from the concentrated to the dilute, until 
equality of concentration is achieved. This is iliustrated in Fig. 112. 

2. Osmosis. If solutions of unequal concentration, or a solution and pure 
solvent, could be separated by 
cules to pass but was impervious to solute molecules, only solvent mole- 
cules could diffuse from the solvent. or_dilute_solution into the more — 
concentrated solution. Such membranes, which allow solvent to pass, but 
not solute, are called semi-permeable membranes. Osmosis is the name 
given to the diffusion of solvent through a semi-permeable membrane from 
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a solvent into a solution or from a dilute solution into a more concentrated 

one. Osmosis is illustrated in Fig. 112. 

It must be understood that the passage of solvent through a semi- 

permeable membrane is not simply one-way, but the diffusion fron: solvent 

to solution or from dilute to concentrated solution is more rapid than in 

the opposite direction. The resultant direction of the flow of solvent is 
from low to high concentration. 

3. Examples of osmosis. Many natural membranes act as semi-permeable 

membranes, and various substances, especially copper(t1) hexacyano- 

ferrate(a1), Cu,Fe(CN)., parchment paper and cellophane are also semi- 

permeable, if not ideally so. The following examples illustrate the action 

of semi-permeable membranes in osmosis. 

a. If an animal bladder, e.g. a pig’s bladder, is filled with ethanol and 

tied at the neck, it will swell when immersed in water, and finally burst. 

This is because water diffuses through the animal bladder much more 

rapidly than ethanol diffuses out. On filling the bladder with water and 

immersing in ethanol, the bladder will shrink. These observations were 

first made in 1784 by the Abbé Nollet. 

b. A dry prune will swell when placed in water because water will pass 

through its semi-permeable skin. If the swollen prune is then placed in a 

concentrated solution of sugar it will shrink again, because osmosis now 

takes place from the weaker solution inside the prune to the more con- 

centrated one outside. 

c. The hard, outer shell of an egg can be removed by dissolving it in hydro- 

chloric acid. If two eggs are treated in this way, one placed in water will 

swell, whilst the other placed in strong brine will shrink. The membrane 

beneath the outer shell of the eggs acts as a semi-permeable membrane. 

Slices of beetroot or carrot, or a segment of an orange behave similarly. 

d. Crystals of copper(1) sulphate will form weird ‘growths’ when placed in 

a solution of potassium hexacyanoferrate(1). This is because the crystals 

become coated with a semi-permeable layer of copper(m) hexacyano- 

ferrate(). Water then passes through this layer, stretching it until it bursts. 

As soon as it does burst, more copper(m) hexocyanoferrate(m) layer is 

formed, and so on. 

e. Weird ‘growths’, as in d. are also obtained if crystals of many salts, 

e.g. iron(m) sulphate, nickel(m) chloride, cobalt(m) nitrate and iron(m) 

chloride, are placed in a solution of water glass (sodium silicate). The 

layers of metallic silicates formed by double decomposition reactions are 

semi-permeable. The growths resulting form what is commonly called a 

chemical garden. 
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f. If a beaker containing a concentrated solution of sugar in water and 

one containing pure water are placed under a bell-jar, water will pass, 

through the vapour phase, from the pure water to the concentrated solu- 

tion. Air, in this instance, acts as the semi-permeable membrane. 

g. A layer of dilute calcium nitrate(v) solution can be separated from a 

layer of concentrated calcium nitrate(v) solution by a layer of benzenol 

<— Final 

level 

~<— Original 
Solution level 
of sugar 

Fic. 113. Osmotic pressure. Osmosis takes place from the water into the sugar 
solution until the hydrostatic pressure due to the column of sugar solution 
becomes equal to the osmotic presSure of the solution, when osmosis ceases. 

(phenol) solution. The benzenol solution acts as a semi-permeable mem- 
brane so that water passes from the dilute to the concentrated calcium 
nitrate(v) solution, and the passage can be seen by the rising of the benzenol 
layer (Fig. 114). 

h. A thistle funnel can be sealed by cellophane so that it will hold a 
solution of sugar. If such a funnel is immersed in water (Fig. 113), water 
will pass through the semi-permeable cellophane so that the level of liquid 
in the thistle funnel will rise. 

i. More striking results than in h. can be obtained by using a porous 
pot fitted with a long tube, instead of a thistle funnel. The porous pot must 
be made into a semi-permeable membrane by first filling it with potassium 
hexocyanoferrate() solution and standing it in copper(m) sulphate(v1) 
solution; the two solutions react together to form copper(m) hexacyano- 
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ferrate(m) in the pores of the pot. Alternatively the pot can be treated with 
a. warm solution containing gelatine and propane-1,2,3-triol (glycerine). 

Dilute 
solution 
of Ca(NO3), 

solution 

On standing, a gel (p. 508) forms in the pores 

and provides a very good semi-permeable mem- 
brane. 

Once the porous pot is prepared, it is fitted 

with a stopper and a long tube and filled with 

a very concentrated solution of sugar, con- 

veniently made by mixing equal volumes of water 
Benzenol 5 3 

ae and golden syrup. On standing the pot in water 

Conteneeess the level of liquid in the long tube rises quite 
remarkably. 

of Ca(NO3)2 
4. Osmotic pressure. The apparatus described in 

g. in the preceding section, and illustrated in 

Fig. 113, can be used to illustrate the meaning 

of the term osmotic pressure, and to measure 

actual osmotic pressures approximately. 

Water will pass through the semi-permeable 

membrane into the sugar solution so that the liquid level in the thistle 

funnel will rise. It will not, however, go on rising indefinitely. As the 

liquid level does rise, a hydrostatic pressure is built up, and when this 

reaches a certain value osmosis will cease. 

Pressure The value of this pressure is known as 

| the osmotic pressure of the solution in 

the thistle funnel. It will be equal to the 

height of liquid in the thistle funnel 

multiplied by the density of the solution 

Fic. 114. Osmosis from 
dilute to concentrated 
calcium nitrate(v) solution 
causes the benzenol layer 
to rise. 

eines in the funnel. 
pee When the liquid in the thistle funnel 

J has reached its final level osmosis stops, 

ax-| but not diffusion. Solvent will still be 

pe diffusing through the semi-permeable 

membrane membrane but equally in both directions. 

Osmosis from a solvent into a solution 

can be prevented not only by allowing 

a hydrostatic pressure to build up but 

also by applying an external pressure 

large enough to prevent osmosis. The 

minimum external pressure which will do 

this is known as the osmotic pressure of the solution concerned. Thus, 

referring to Fig. 115 the external pressure which would have to be applied 

down the thistle funnel to maintain the initial level of liquid steady would 

be the osmotic pressure of the solution in the thistle funnel. 

Fic. 115. Osmotic pressure. The 
minimum pressure required to 
prevent osmosis into the sugar 
solution is equal to the osmotic 
pressure of the solution. 
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The term osmotic pressure is misleading if it is not understood, for a 

solution, by itself, cannot exert any pressure due to osmosis. The osmotic 

pressure of a solution is the pressure required to prevent osmosis when the 

solution is separated from pure solvent by a semi-permeable membrane. 

5. Experimental measurement of osmotic pressure. There are two main 

difficulties involved in measuring the osmotic pressure of a solution. First, 
it is not easy to make a perfect semi-permeable membrane, which will with- 

Semi-permeable membrane 

Fic. 116. Pfeffer’s apparatus for measuring osmotic pressure. 
Morse and Fraser used the same principle. 

stand the pressures that may be involved. Secondly, the high pressures 
_Which can be set up may not be easy to measure and can only be withstood 
by carefully designed joints in the apparatus used. 

a. Method of Pfeffer and of Morse and Frazer. Pfeffer made many of the 
earliest measurements of osmotic pressure. He made semi-permeable mem- 
branes by allowing solutions of copper(m) sulphate(v1) and potassium hexa- 
cyanoferrate(m) to diffuse into the pores of a porous pot from opposite 
sides. Within the pores they reacted to form copper(1) hexacyanoferrate(n). 

The pot was then fitted with a closed manometer containing mercury 
and nitrogen. The pot, and the space up to the mercury, was filled with the 
solution whose osmotic pressure was required. This filling was dofhe 
through a tube which was finally sealed off. The pot was then placed in 
pure solvent maintained at a constant temperature. The solvent passed 
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through the semi-permeable membrane into the solution and the highest 

pressure developed was recorded on the manometer. A diagrammatic 

representation of the apparatus is given in Fig. 116. 

Morse and Frazer used essentially the same method, but deposited the 

copper(11) hexacyanoferrate(i) in the pores of a porous pot electrolytically. A 

solution of copper(m) sulphate(v1), containing a platinum anode, was placed 

inside the pot, whilst the pot was standing in a solution of potassium 

Pressure 

Semi-permeable membrane 

Fic. 117. Berkeley and Hartley’s apparatus for measuring osmotic pressure. 

hexacyanoferrate() containing a platinum cathode. Morse and Frazer 

were able to measure osmotic pressures up to about 30 x 10° kN m7? 

(300 atmospheres). To measure such pressures they did not use a mano- 

meter but used, for example, measurements on the change of the refractive 

index of water on compression. 

b. Berkeley and Hartley’s method. In this method, the pressure necessary 

to prevent osmosis is measured. The apparatus used is shown diagram- 

matically in Fig. 117, but the detail of the complex jointing systems em- 

ployed is omitted. 

The pressure which had to be applied to the solution to maintain a 

steady liquid level at X was measured on a pressure gauge. The semi- 

permeable membrane was made by depositing copper(m) hexacyanofer- 

rate(m) in the pores of a porous cylinder. 

c. Comparison of osmotic pressures. Direct measurement of osmotic 

pressure by the methods of a. or b. is difficult, but it is easy to get a rough 

comparison of the osmotic pressure of two solutions by a method 

originated by de Vries. 

If a plant or animal cell is placed in a solution it will shrink (undergo 
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plasmolysis) or swell, unless the osmotic pressure of the external solution is 

equal to that of the solution inside the cell. The shrinking or swelling can be 

observed under a microscope. 

De Vries placed the same plant cells, e.g. the epidermal cells of the leaves of 
tradescantia discolor, in two different solutions and was able to compare the 
osmotic pressures of the two solutions by measuring how much they had to be 
diluted to give osmotic pressures equal to that of the solution within the cells, 
i.e. to give conditions under which the plant cell did not shrink or swell. 

Under such conditions, the external solution and the solution within the cell 
are said to be isotonic. If the membrane of the cell acted as a perfect semi-per- 
meable membrane the two solutions would also be isosmotic, i.e. have the same 
osmotic pressures, but imperfect semi-permeable action of plant membranes 
means that isotonic solutions are not necessarily isosmotic. 
Hamburger has used red blood corpuscles in the same way. When placed in 

solutions with lower osmotic pressures than the cell contents, the cells swell 
and burst, and the solution becomes red. In solutions of higher osmotic pressure, 
the cells shrink, fall to the bottom of the container, and leave the solution colour- 
less. / 

6. Effect of concentration and temperature on osmotic pressure. 

a. Concentration._At_a given temperature, in dilute solution, and so long 

as the solute is neither dissociated nor associated, the osmotic pressure of a 
solution is directly proportional to its concentration, 

Osmotic pressure (J7) «< Concentration of solution 

b. Temperature. Under the same conditions as in a., but for a given 

concentration, the osmotic pressure of a solution is proportional to the 
absolute temperature, 

Osmotic pressure (J7) « Absolute temperature 

c. Relation to gas laws. van’t Hoff first drew attention, in 1877, to the 

fact that concentration and temperature had the same effect on the pressure 

of a gas as on the osmotic pressure of a solution. 
The relationship 

Osmotic pressure (J7) « Concentration 

can be written as 

1 Osmotic pr Volume of solution motic pressure (17) « Volume of solution 
(for a given mass of solute) 

This is analogous to the statement of Boyle’s law, 

Gas pressure (for a given mass of gas) 
1 

Volume of gas 

The relationship, 

Osmotic pressure (J7) «< Absolute temperature 
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for a given concentration of solution, is analogous to Charles’s law, 

Gas pressure oc Absolute temperature 

for a given volume of gas. 

Combining the effects of volume and temperature change on the pres- 

sure of a gas leads to an expression (p. 37), 

pV=kT 

where p is the pressure, V the volume, and T the absolute temperature of a 

given mass of gas; k is a constant. If 1 mol of gas (22.4 dm’ at s.t.p.) is 

considered k is written as R and the gas equation results: 

pV = RT 

As osmotic pressure varies with volume of solution and absolute tem- 

perature in the same way a similar equation must hold. For a given mass 

of solute, therefore, 
WV = kT 

where V is the volume of solution, T the absolute temperature, and k a 

constant. If 1 mol is considered the relationship becomes 

IV = RT 

and the numerical value of R in this expression is the same as that in the 

gas equation. 
The experimental value for the osmotic pressure of a 1 per cent solution 

of cane sugar (10 g dm~°) is 66.37 KN m~? at 273 K. The volume containing 

1 mol of sucrose (342 g) is 34.2 dm’, so that 

(66.37 x 10°)(34.2 x 10-3) = R xX 273 

This gives a value of R equal to 8.314 J K~* mol~1, which compares with 

the gas constant of 8.3143 (p. 37). 

The same laws, then, govern osmotic and gas pressure, and there is a 

remarkable similarity between the behaviour of molecules distributed 

throughout a gas and solute molecules distributed throughout a solution. 

The osmotic pressure of a dilute solution is, in fact, equal to the pressure 

which the solute would exert if it existed as a gas at the same temperature 

occupying a volume equal to that of the solution. 

As 1 mol of a gas occupies 22.4 dm’ at 0°C and exerts a pressure of 

101.325 kN m7? it follows that 1 mol of a solute dissolved in 22.4 dm’ of 

solution at 0°C will exert an osmotic pressure of of 101.325 kN m7’. It does 

not matter what the solute is so long as it is in dilute solution and is not 

associated or dissociated. Like vapour pressure, freezing point depression 

and boiling point elevation, the osmotic pressure of a solution is a colliga- 

tive property depending simply on the total number of solute particles 

dissolved in a solution. 
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7. Determination of relative molecular masses from osmotic pressure 

measurement. The fundamental statement that 1 mol of any solute in 22.4 

dm’ of solution has an osmotic pressure of 101.325 kN m~? at 0°C can be 
written, and modified by unitary method, as follows: 

Mass of Volume of Osmotic : 
solute |g solution |dm? Temperature |K pressure /kN m~ 

1 mol 22.4 ) 273 101.325 
i 

22.4 Tah, & 101.325 x OTE 

Zz 22-4 

es 22-4 

A solution of x gramme of a solute of relative molecular mass, M,, 
dissolved in V dm? of solution at T K has, therefore, an osmotic pressure 
(in kN m~?), ZZ given by 

T 22.4 x 
II = saz Xx cpt Meee 101.325 

Alternatively, 

yeah X22 4 <x IOR 32S 
TERGQIS SF 

By measuring the relevant quantities a value of M, can be obtained, though 
the measurement of osmotic pressure is too difficult for the method to be 
widely used. It has an application, however, in the measurement of very 
high relative molecular masses of substances such as proteins. A 1 per cent 
solution of a protein of relative molecular mass 50000 would have an 
osmotic pressure of about 500 N m~-? which can be measured. The 
freezing point depression of the same aqueous solution would be only 
0.00037 K, which is too small for accurate measurement. 

8. Relationship between vapour pressure and osmotic pressure The proportion- 
ality between the lowering of vapour pressure of a solution and the corresponding 
boiling point elevation and freezing point depression has already been shown 
(pp. 267 and 272). Osmotic pressure is another colligative property of solutions 
similarly proportional to lowering of vapour pressure, This proportionality is 
shown by the following argument. 

Consider the arrangement as shown in Fig. 118. A tube, closed at its lower end 
by a semi-permeable membrane and containing a dilute solution, is immersed in 
pure solvent, the whole arrangement being enclosed under a bell-jar which was, 
originally, evacuated, and which, therefore, contains only solvent vapour. 
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When osmosis is complete, the osmotic pressure, J7, of the dilute solution will 
be given by, 

IT = h xX density of solution in tube 

The pressure at points on a level with A will be that of the vapour pressure of 
the solvent, p,.1,, Whilst that at points on a level with B will be that of the vapour 
pressure of the solution, p.oin. The pressure at A will be greater than that at B 

because of the mass of a column of solvent 
vapour of height 4. The lowering of vapour 
pressure is, therefore, given by 

Psotv — Psoin = h X density of solvent vapour 

If the density of the solution in the tube 
and the density of the solvent vapour between 
A and B did not change as h was changed it 
would be clear that the osmotic pressure was 
proportional to the lowering of the vapour 

pressure rots ti Decin): 

Strictly speaking, both the density of the 
solution in the tube and the density of the 
vapour do change as / does. If h increases, 
the solution in the tube gets more dilute and 

Solvent  Semi-permeable the vapour in the bell-jar gets rarified just as 
membrane the air does on ascending into the atmo- 

Fic. 118. sphere. For small values of h, however, i.e. 
for dilute solutions, both these changes will 

be very slight, and it follows that, for dilute solutions, the osmotic pressure is 

proportional to the lowering of vapour pressure. 

Solution 

9. Effect of ionisation and association on osmotic pressure. If a solute ionises 

in solution, the measured osmotic pressure of the solution will be greater 

than if there was no ionisation. Association of the solute will give lowered 

osmotic pressure readings. 

The effect of ionisation or association on osmotic pressure is just the 

same as it is on the lowering of the vapour pressure, the elevation of the 

boiling point or the lowering of the freezing point, as described on p. 276. 

Thus, for a binary electrolyte, AB, ionising to give A* and B™ ions, toa 

degree, «, 
Expected J7if noionisation _ _1 

Actual [7 caused by ionisation 1+ .« 

Similarly (p. 277), if the actual osmotic pressure value as measured is used 

for calculating the relative molecular mass of the solute which has ionised, 

Real relative molecular mass_ __ 1 + 4% 

Apparent relative molecular mass 1 

10. The functioning of a semi-permeable membrane. The mechanism by 

which a semi-permeable membrane allows the passage of solvent molecules 

but prevents that of solute molecules is not well understood. It is probable 
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that it depends on the particular membrane being used, and on the solvent 
and solute concerned. Three suggestions are worthy of consideration. 

a. When the solute molecules are larger than those of the solvent it may 
be that a semi-permeable membrane can act as a molecular sieve. Some 
membranes, however, are still semi-permeable when the solute molecules 
are smaller than those of the solvent. 

bt. A semi-permeable membrane may provide a large number of fine capil- 
laries. With pure solvent at one end,.and solution at the other, there may 
be an air gap through which solvent vapour can diffuse from the solvent 
into the solution, which has a lower vapour pressure. If such a mechanism 
is correct, it is really air which is acting as the semi-permeable membrane 
as in f. on p. 282. 

c. If a semi-permeable membrane can dissolve a solvent, but not a solute, 
solvent may pass through the membrane by a mechanism involving solu- 
tion. Such, for example, is probably the mechanism by which benzenol 
(phenol) acts as the semi-permeable membrane in experiment h., p. 282. 
Water is soluble in benzenol, but calcium nitrate(v) is not. 

It will be realised that all these suggestions are vague, and the precise 
functioning of a semi-permeable membrane is not known. Nor is the true 
nature of the forces responsible for osmosis covered by any very adequate 
theory. 

11. Reverse osmosis. A semi-permeable membrane allows the passage of a 
solvent into a solution and, in so doing, a pressure can be built up. If a 
solution is separated from a solvent and a pressure, higher than the osmotic 
pressure, is applied to the solution, solvent will pass through the semi- 
permeable membrane from the solution. The phenomenon is known as 
reverse osmosis. 

It can be used, theoretically, for obtaining drinking water from sea 
water but, as yet, only uneconomically, 

QUESTIONS ON CHAPTER 26 

1. Define osmosis and the osmotic pressure of a solution. Either show how you can demonstrate the existence of the former and how the latter can be measured for an aqueous solution, or show how the Osmotic pressure of a solu- tion is related to the lowering of the vapour pressure of the solvent. (O. & C.) 2. Describe an experiment to demonstrate the phenomenon of osmosis. A solution of 1 g of a substance X in 100 cm? of water has an osmotic pressure of 67.33 KN m-? (505 mm of mercury) at 7°C. What is the relative molecular mass of X? (O. Prelims.) ; 
3. Calculate the osmotic pressure of a 1 per cent solution of glucose in water at 15°C, and the rélative molecular mass of a sugar, a solution of which 
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had an osmotic pressure of 255 kN m~? (2.522. atmospheres) at 20°C when the 
concentration was 34.2 g dm~$ of water. 

4. A 3.42 per cent solution of sucrose (M, = 342) was found to be isotonic 
with a 5.96 per cent solution of raffinose. Calculate the relative molecular mass 
of raffinose. 

5. A saturated aqueous solution of a non-electrolyte of relative molecular 
mass 180 exerted an osmotic pressure of 52.82 KN m~? (0.516 atmosphere) at 
22°C. What is the solubility of the substance in g dm~* of water at this temper- 

ature? 
6. Calculate the osmotic pressure of a saturated solution of sucrose in water. 

Why is it, do you think, that the laws of osmotic pressure do not hold accurately 
for concentrated solutions? 

7. Compare and contrast the phenomenon of osmosis with the behaviour of 

gases. 
8. Explain what is meant by the osmotic pressure of a solution. How would 

you demonstrate its existence ? How can it be measured? A solution of potassium 

chloride containing 5 g dm~* was found to have an osmotic pressure of 304 

kN m7? at 18°C. What conclusions may be drawn from this observation ? 

9. (a) Why is osmotic pressure measurement sometimes advantageous for 

measuring very high relative molecular masses? (b) The osmotic pressure, at 

25°C, of a solution containing 1.346 g of a protein in 100 cm* of solution is 

971.8 N m~?. Calculate the relative molecular mass of the protein. 

10. A solution of 0.608 g of haemoglobin in 100 cm* of water gave an osmotic 

pressure of 202.6 N m~? at O°C. Assuming the solution to be ideal, calculate 

the relative molecular mass of haemoglobin. 

11. What is (i) osmotic pressure, (ii) the van’t Hoff factor? Indicate their im- 

portance in chemistry. Describe one method by which the osmotic pressure of a 

solution may be determined. The osmotic pressure of a solution containing 

40 g of a non-electrolyte, Z, per dm* was 80 kN m~? at 15°C. What was the 

relative molecular mass of Z? (S.) 

12. The osmotic pressure of a solution of a sample of synthetic polyisobutylene 

in benzene at 25°C was 20.66 N m~?. If the solution had a concentration of 

2 g dm~? what is the relative molecular mass of the polyisobutylene? 

13. A solution of a colloid in water containing 12.3 g dm~* has an osmotic 

pressure of 980.7 N m7? (10cm of water) at 25°C. What is the relative molecular 

mass if R has a value of 8.314 J K~* mol~'? (O. Schol.) 

14, The apparent degree of ionisation of a 0.1M solution of sodium chloride 

is 85 per cent. What would be the concentration in g dm~? of a solution of a 

non-electrolyte having a relative molecular mass of 180 which would be 

isotonic with sodium chloride solution? (Army and Navy.) 

15. Explain what is understood by describing solutions as being isotonic. A 

solution of a non-electrolyte having a relative molecular mass of 180 and con- 

taining 15 g dm~? was found to be isotonic with a solution of sodium chloride 

containing 2.64 g of the salt per dm?. What is the apparent degree of ionisation 

of the sodium chloride? (Camb. Ist M. B.) 

16. Distinguish between the meaning of the terms diffusion, osmosis, dialysis 

and sedimentation. 

17. What is meant by the statements (a) osmosis is a colligative property, (6) 

isotonic solutions are not necessarily isosmotic, (c) osmotic pressure is not a 

pressure at all? 
18. Describe the part played by osmosis in biological processes. 



Chapter 27 

Thermochemistry 

CHEMICAL processes, such as reaction, combustion, solution, dilution, 

neutralisation, atomisation and hydrogenation are invariably associated 
with a corresponding energy change. A study of this energy change can 
help to throw light on the mechanism of the process involved. 

In_its_simplest_form, a_study of the energy changes associated with 
chemical processes is concerned mainly with the evolution or absorption of 
heat, and is generally known as thermochemistry..A broader, and more 
complete, detailed study of all the energy changes constitutes what is 
known as thermodynamics (Chapter 48). 

1. Heats of reaction. Chemical reactions are accompanied by some energy 
change, which, most obviously, involves the evolution or absorption of 
heat. The energy change may show up, however, in some other form. In an 
accumulator, chemical reactions release electrical energy; in chemi- 
luminescent reactions, light energy is emitted; and in reactions involving 
an increase in volume, work may be done in expansion. 
A reaction giving out heat to the surroundings is said to be exothermic; 

one absorbing heat from the surroundings is endothermic. The heat change is as vee . nae Bien, 

reaction carried out under a fixed set_of conditions, 
The heat change associated with a reaction is conveniently written as part 

of, or alongside, the ordinary chemical equation for the reaction, the states _ 
of the reactants and products, and the temperature, being indicated if 
necessary. Thus 

C(graphite) + O,(g) = CO,(g) + 393.4 kJ at 25°C 
_ C(graphite) + O2(g) = CO,(g); AH(298 K) = —393.4 kJ 

These equations mean that 393.4 kJ are evolved when 12 g of graphite 
react with 32 g of oxygen to form 44 g of carbon dioxide, the initial 
temperature of the reactants, and the final temperature of the products, 
being 25°C. When a gas is involved in such an equation it is assumed to be 
at a pressure of 101.325 kN m~? unless otherwise indicated. 
An evolution of heat to the surroundings means that the system as a 

whole loses heat and, therefore, finishes with a lower energy content. That 
is why AH is written as negative for an exothermic reaction and positive for 
an endothermic one. 
The heat of a reaction is defined as the heat change when the reaction takes 

place between the masses of the reagents indicated by the equation for the 
reaction, 

2. Definitions. The heat of reaction is a very wide term for there are so 
many different types of reaction. For some of the more important types, 

~ Heats of reaction are sometimes expressed in calories or kilocalories. 1 calorie = 4.1840 joule, or 1 kilocalorie = 4.1840 kilojoule. 
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the heat of reaction is re-named and, to some extent, re-defined, as 

follows: 

a. Heat of combustion (p. 297). The heat of combustion of a substance is 
the heat change when 1 mol of it is completely burnt in oxygen. The heat of 
combustion of methane, for example, is 890.2 kJ mol~', 

CH.(g) + 20,(g) = CO(g) + 2H,0(); AH(298 K) = —890.2 kJ 

b. Heat of neutralisation (p. 299). The heat of neutralisation of an acid by 

a base is the heat change when 1 gramme-equivalent of the acid is neutralised 

_by a base, the reaction being carried out in dilute aqueous solution. The heat 
of neutralisation of hydrochloric acid by sodium hydroxide, for example, 

is 57.33 kJ per gramme-equivalent, 

HCI + NaOH = NaCl + H,O; AH(298 K) = —57.33 kJ 

c. Heat of formation (p. 300). The heat of formation of a compound is the 

heat change when 1 mol of the compound is formed from its elements under 

stated conditions. Standard heats of formation are quoted at 25°C and 

101.325 kN m=. The heat of formation of water, for example, is 285.9 
kJ mol@?, 

H,(g) + 40.(g) = H20(); AH(298 K) = —285.9 kJ 

.d. Heat of atomisation (p. 301). The heat required to convert 1 gramme-atom or 

1 mol of an element from its normal state at 25°C and 101.325 kN m7? into free 

atoms. The heat of atomisation of hydrogen, for example, is 432.7 kJ mol~’, 

H.(g) = 2H; AH = 432.7kJ 

e. Heat of hydrogenation (p. 302). The heat change when 1 mol of an unsaturated 

compound is completely converted into the corresponding saturated compound by 

reaction with gaseous hydrogen. The heat of hydrogenation of ethene, for example, 

is 137.5 kJ mol-?, 

C,H.(g) + H.(g) = C2He(g); AH = —137.5kJ 

f. Miscellaneous. Other specific types of heats of reaction may be used. Heats 

of dissociation, heats of crystallisation and heats of ionisation, may, for example, be 

met. The heat changes associated with chemical changes other than reactions, e.g. 

heats of dilution (p. 295), heats of solution (p. 295) and heats of su
blimation are also 

used. 

3. Hess’s law of constant heat summation. Hess’s law (1840) states that the 

heat evolved or absorbedjn a chemical change is the same whether the change 

is brought about in one stage or through intermediate stages. _ 

Thus the heat change in a reaction A to C is the same whether the 

reaction takes place in one stage as 

A—>C 

or in two stages as 
A—>B—>C 

a \ Nh XK | 
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This is a particular application of the law of conservation of energy. If 

Hess’s law did not hold it would be possible to obtain energy without doing 

any work. If a change from A to B evolved 100 J when carried out in one 

way and only 90 J in another way it would be possible, by going from 

A to B by the first path and then back to A by the second, to obtain 10 J 

of heat from nowhere. This is contrary to all scientific experience. 

The validity of Hess’s law can be demonstrated experimentally by 

measuring the heat change when a reaction is brought about in two or more 

different ways. The result of making a solution of ammonium chloride 
from 36.5 g of hydrogen chloride, 17 g of ammonia and water in two 
ways are summarised below, the heats of reaction being given in kilo- 
joules. The figures illustrate the truth of Hess’s law. 

Method 1 Method 2 

i Mix the two ; i Dissolve the 
gases AH = —176.1 NH; in water AH = —35.2 

ii Dissolve the ii Dissolve the EN 
product in HCl in water AH = —72.4 
water AH = +16.3 iii Mix the two 

solutions AH = —52.3 
Overall reaction AH = —159.8 Overall reaction AH = — 159.9 

4. Thermochemical calculations. Hess’s law enables thermochemical equa- 
tions to be added and subtracted, and this is the procedure to adopt in all 
simple thermochemical calculations. 

Given the heats of reactions, 

i C(s) + O,(g) = CO,(g); AH = —393.4kJ 
ii 2CO(g) + O.(g) = 2CO,(g); AH = —565.9 kJ 

it is very simple to find the heat of the reaction 

iii 2C(s) + O.(g) = 2CO(g) 

This is done by taking 2 x i and subtracting ii. The heat of the reaction 
iii is, therefore, 2 x (—393.4) — (—565.9), i.e. —220.9 kJ. And for half the 
quantities, so that the heat of reaction can be expressed in terms of 1 mol 
of carbon monoxide, 

C(s) + 40.2) = Cow; Aan= —2209 _ _ 110.4513 

The heat of formation of carbon monoxide is, therefore, 110.45 kJ mol~?, 
Not all thermochemical calculations are as easy as this but it is generally 

a matter of adding and/or subtracting the given equations, multiplied or 
divided throughout wherever necessary (pp. 300 and 302). 
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5, Factors affecting heats of reactions. The heat of a reaction depends on the 

conditions under which the reaction is carried out as indicated below. 

a. State of reagents and products. Latent heat is evolved or absorbed in 

changes of state, so that the state of reagents and products in a reaction 

affects the heat of the reaction. 

The heat of reaction between hydrogen gas and solid iodine to form 

hydrogen iodide gas, for example, is 51.9 kJ. 

H,(g) + L.(s) = 2HI(g); AH = 51.9 kJ 

Using iodine vapour, the value is —9.2 kJ, and the reaction is, now, 

exothermic, 

H,(g) + L(g) = 2HK(g);} AH = —9.2 kJ 

The difference is due to the heat change in vaporising solid iodine, 

1,(s) = L(g); AH = 61.1 kJ 

b. Allotropic modifications. A heat change is involved in the conversion 

of one allotrope into another, so that the particular allotrope used in a 

reaction affects the heat of the reaction. 

For example 

S (rhombic) + O.(g) = SO.(g); AH = —296.97 kJ 

S (monoclinic) + O2(g) = SO.(g); AH = — 296.63 kJ 

The difference in the heats of reaction is due to the heat change in the con- 

version of rhombic into monoclinic sulphur, 

S (rhombic) = S (monoclinic); AH = —0.34 kJ 

Similarly, 

C (graphite) = C (diamond); AH = +2.1 kJ 

c. Reactions involving solutions. There is a heat change, known as’ the 

heat of solution, when a solute dissolves in a solvent to form a solution. 

The value of the heat change depends on the concentration of the solution 

formed, for dilution of a solution also causes a heat change known as the 

- heat of dilution. 

The heat of solution most commonly used is that at infinite dilution. This 

is defined as the heat change when 1 mol of a substance dissolves in such a_ 

large volume of solvent that addition of more solvent produces no further heat_ 

of dilution. 

~The effect of heat of solution on the heat of a react
ion is illustrated in the 

following example: 

4H,(g) + 4Cl.(g) —> HCl(g); AH = —92.21 kJ 

HCl(g) + aq —> HCl(aq) AH = —72.38 kJ 

~. 4H,(g) + 4Cl(g) + aq—> HCi(aq); AH = —164.7 kJ 
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_dilute that_i as infini i i y-heat_of dilution 
canbe neglected, _ 

6. Reactions at constant pressure or constant volume. A reaction carried out . 
in an open vessel takes place at a constant pressure, but one carried out in 
a sealed container takes place at constant volume. The heat of reaction 
may be affected by the conditions chosen. 

Heats of reaction measured at constant volume are symbolised by AU, 
and . 

AU = —4q, 

where q, is the heat evolved in the reaction. For an exothermic reaction, 
qv Will be positive, giving a negative value for AU; for an endothermic 
reaction, g, will be negative, and AU will be positive. AU is known as the 
change in intrinsic or internal energy (p. 297). 

AH, and by 

AH = —q p 

Alis-referred to_as the enthalpy (or heat content) change (p. 297). 

a. Reaction producing an increase in gas volume. Such an increase will necessitate expansion, if the reaction is carried out at Constant pressure, and, consequently, work must be done against the pressure. Some of the energy which, at constant volume, would be evolved as heat will, at con- stant pressure, be used up in doing this work. Therefore, we 

qv = dp + Work done in expansion 
or AH = AU + Work done in expansion 

For an increase in volume of AV at a constant pressure of p, the work done in expansion will be equal to DAV. If the volume increase is due to the formation of 1 mol of gas, pAV will be equal to RT or 8.37 joule (p. 38). For an increase in gas volume of n mol, the work done in expansion will be 8.37 joule, so that 

AH = AU + 8.3nT 

The reaction of 1 mol of zinc with excess dilute hydrochloric acid at 18°C for example, produces 151.5 kJ if the reaction is carried out in an open vessel at constant (atmospheric) pressure. There is an increase in gas volume of 1 mol for volume changes other than that due to the formation of hydrogen can be neglected, so that the heat of reaction at constant volume would be given by 
AU = AH — 8.3T = —151500 — (8.3 x 291) = —153915J 

which is in good agreement with experimental measurement, 
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b. Reaction producing a decreased gas volume. Work will have to be done 

on a system such as this, at constant pressure, to bring about the contrac- 

tion in volume. For a volume contraction of n mol of gas, the work done 

by the constant pressure will be 8.37 joule, so that 

AH = AU — 8.3nT 

For the reaction 

2CO(g) + O.(g) = 2CO(g) 

the heat of reaction at constant pressure, and 17°C, is AH = —569000 J. 

There is a decrease in gas volume of 1 mol so that the heat of reaction at constant 

volume is given by 

AU = AH + 8.3T = —569000 + (8.3 x 290) = —566593 J 

There may, therefore, be significant differences between the AH and AU 

values for a reaction involving gases. Eor reactions involving only solids 

and/or liquids, volume changes are never verylarge and AH and AU values 

7. Enthalpy change and enthalpy diagrams. The heat of reaction measured 

at constant pressure, AH, is known as the enthalpy (or heat content) 

change for the reaction. The corresponding value at constant volume, AU, 

is known as the change in intrinsic or internal energy. The two are related 

(pp. 296 and 536) as follows: ‘ 

AQ — bN=Eb AH = AU.+ Work done in expansion 

As most chemical reactions are carried out in open containers at 

constant, atmospheric pressure, AH values are used more commonly than 

AU values. It is, too, convenient to summarise the AH changes in an 

enthalpy diagram, as is done below for the information given at the bottom 

of page 295. 

H2(g) +Cl2(g) 

INCREASE 

—IN ENTHALPY—> 
HCl (aq) 

8. Heat_of combustion, Zhe heat_of combustion of a substance is the heat beh Alreaalintileat pei : 

Measurements are made in a bomb-calorimeter (Fig. 119). A known mass 

of the substance under test is placed (in a thin glass tube if volatile) in a 
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platinum crucible at the centre of a steel-alloy, cylindrical bomb. The bomb 
is filled through a complicated valve system, with oxygen, at a pressure of 
about 2.5 x 10? kN m~? (25 atmospheres), to ensure rapid and complete 
combustion, and immersed in a calorimeter, usually containing water. 

Bomb 

Thin wire 

Platinum 
crucible 

Fic. 119. Outline arrangement of a 
bomb calorimeter. The complicated 
engineering details necessary to 
maintain pressure inside the bomb 
are not shown. 

allows heat losses by radiation or co 
can be maintained at the correct temp 
couple in the liquid of the outer jac 
calorimeter. If any temperature di 
arranged, through an electrical circui 

Measurements made in a bomb 

The combustion of the substance is 

started by passing a current through a 
thin wire of iron or platinum in con- 
tact with the substance. The heat 
evolved on burning is determined by 
‘measuring the rise in temperature of the 
liquid in the calorimeter. The amount 
of heat evolved can be found by seeing 
what amount of electrical energy is re- 
quired, through a heating coil, to give 
the same rise of temperature, or, alter- 
natively, the thermal capacity of the 
apparatus can be measured electrically 
or by using a substance whose heat of 
combustion is known. 

For a slow combustion, or when only a 
small amount of heat is liberated, it is 
more accurate to make readings adiabatic- 
ally, the whole set-up being surrounded by 
a water jacket which is maintained at the 
same temperature as the inner group. This 
nvection to be neglected. The outer jacket 
erature by having one junction of a thermo- 
ket and another in the liquid of the inner 
fferences arise, the thermocouples are so 
t, to heat or cool the outer jacket. 

calorimeter, at constant volume, are AU 
values, but they can be converted into values at constant pressure, AH, 
using the equation on p. 296. The accuracy of the measurements with a 
modern bomb calorimeter is estimated at 2 parts in 10000. 
Some typical heats of combustion, in kJ mol-?, are given below: 

Calorific values for fuels, 
gramme or B.Th.U. per cubi 

Substance AH(298 K) Substance AH(298 K) are te LN a et 
Hydrogen gas —286 Ethyne gas . —1560 Graphite —393 Liquid benzene —3278 Methane gas . —890 Liquid methylbenzene . —3917 Carbon monoxide gas . —283 Methanol liquid . —715 

expressed in calories per gramme, B.Th.U. per 
c foot are also measured ina bomb calorimeter, 
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9, Heat of neutralisation. The heat of neutralisation of an acid by a base is the 

heat change when 1 gramme-equivalent of the acid is neutralised by a base, 
the reaction being carried out in dilute aqueous solution. 

Heats of neutralisation may be measured by mixing solutions of acid and 

base in a calorimeter. Accurate results can only be obtained by paying 

very detailed attention to temperature measurement and heat losses, but 

the general principle of the methods used can be illustrated, with fair 

results, by using a vacuum flask surrounded by a felt-packed box asa 

calorimeter (Fig. 120). 

Plug of 
cotton wool 

Stirrer 

SS 

Lo} 
es 

rz os 

Filling 4 
pe S iY Vacuum 

) “yj flask 

ey Felt 
Mi lagging 

CISL 

A 

Ss 

MSC O a OES 

Fic. 120. Use of a vacuum flask calorimeter for measurement of heat of 

neutralisation. 

The thermal capacity of the calorimeter must first be measured. This is done by 

measuring the temperature of the empty vacuum flask, adding 100 g of water 

at about 40°C, and measuring the fall in temperature of the water. Then 

Thermal capacity |, Rise in temperature __ 100 x Fall in temperature x 4.184 

in joules (c) of flask of water 

100 cm? of a N solution of an alkali is then placed in the emptied flask, and its 

temperature is recorded (t,°C). 100 cm? of a N solution of an acid, at a measured 

temperature (t2°C), is then added. The highest temperature (t;°C) reached by the 

mixture is recorded. Thorough stirring and a thermometer graduated in tenths 

of a degree are essential. 

Taking the relative density and the specific heat capacity of the alka
line, acidic 

and salt solutions concerned as unity, the heat evolved by the neutralisation 

process is given by 

[(100 + c)(ts — t1) + 100(t3 — t2)] x 4.184 joule 
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The heat of neutralisation for the acid and alkali chosen will be ten times this 
value. 

For a strong acid and a strong base (p. 408) the heat of neutralisation is 
effectively constant at 57.33 kJ. This is because strong acids and strong 
bases, and the salts they form, are all completely ionised in dilute solution 
(p. 366). Thus the reaction between any strong acid and any strong 
base, e.g. 
aa HCl + KOH —> KCl + H,0 

H* +Cl- + Kt + OH- —>K+ +Cl- + H,0 

is simply the formation of unionised water from H+ and OH™~ ions, 

H*(aq) + OH- (aq) —> H,0()); AH = —57.33 kJ 

The_constancy of the heat of neutralisation of any strong acid and any 
strong base provides simple, incing, evidence-that-strong.acids and 
bases_are,_in fact, completely ionised. 

With a weak acid and/or a weak base, neutralisation also produces a heat 
change due to the reaction 

H*(aq) + OH~(aq) —> H,0(1) 

but, during the reaction, previously unionised acid and/or base is converted 
into ions and this involves a further heat change known as the_heat of 
ionisation, which may be either positive or negative. The heat of neutralisa- 
tion_of an_acid—base_reaction involving either -weak-acids_or-weak_bases 
may,-therefore,be.either. greater_or.smaller. than.57.33_kIl_ Effects other 
than the heat_of ionisation, such_as_association.or hydration-may-also 
affect.the issue... 

10. Heat of formation. The heat of formation of a compound is the heat 
change when | mol of the compound is formed from its elements, under stated conditions, 

To achieve some standardisation it is customary to choose 25°C and 
101.325 KN m~? pressure as the conditions under which heats of formation 
are quoted, and such figures are known as standard heats of formation. 

They cannot, generally, be measured directly because most compounds 
cannot be made directly from their component elements. Use has therefore 
to be made of Hess’s law so that heats of formation can be calculated from 
other experimentally determined heats of reaction. 

Methane, for instance, cannot be made directly from carbon and 
hydrogen but its heat of formation can be calculated from the heats of 
combustion of methane, graphite and hydrogen, as follows: 
i CH4,(g) + 20,(g) = CO,(g) + 2H2,0(1);  AH(298 K) = —890.2 kJ 
ii C(graphite) + O,(g) = CO,(g); AH(298 K) = —393.4 kJ 
iii 2H,(g) + O,(g) = 2H,0(); AH(298 K) = —571.5 kJ 
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Adding ii and iii, and subtracting i, gives the result 

C(graphite) + 2H,(g) = CH,(g); AH*°(298 K) = —74.7 kJ 

so that the standard heat of formation of methane is —74.7 kJ mol=}. 

Other standard heats of formations in kJ mol! for some common 

compounds are summarised in the table below. 

The superscript ° written in AH/°(298 K) is used to indicate a standard 
heat of formation. 

Such figures are useful because the heat of reaction at 25°C of any 

reaction can be readily calculated by subtracting the standard heats of 

formation of the products from those of the reagents. 

Substance Substance 

H,0(1) ° . ° CH,(g) 

HCl(g) .. : ; C,H¢(g) 
HBr(g) . . . C3H,(g) 

HI(g) . : : C,H4(g) 

SO,g) . . ; C,H,(g) 
SO,(g) : . . CoH.) -. 

NO(g) : : , CoH.(g) . 
COmMn 2s CH,0H() 
CO,(g) . ; . C,H;,OH() 

In the reaction 

C,H.(g) + 340.(g) = 2CO(g) + 3H20() 
— 84.7 0 2(— 393.4) 3(—285.8) 

— 786.8 — 857.4 

the heats of formation of the reagents and products are as shown so that 

the heat of the reaction is —786.8 — 857.4 + 84.7, ic. —1559.5 kJ. 

11. Heats of atomisation. The standard heat of formation of a compound is 
the heat change when 1 mol of the compound is formed from its elements at 

25°C and 101.325 kN m7? pressure (p. 300). Under these conditions the elements 

are conventionally allotted zero heat contents or enthalpies. This, however, is a 

purely conventional arrangement, convenient in calculations where only energy 

differences between compounds before and after reaction are concerned. 

The heat of formation of a compound from its isolated atoms is a more 

important quantity when the binding forces or bond energies ina compound 

are under consideration. Such a heat of formation can only be obtained by 

taking into account heats of atomisation or dissociation, i.e. the heat necessary 

to convert 1 molof qn.element from its standard state at 25°C and 101.325 kN m~? 
pressure into free atoms. To form free atoms from an element in its normal state 

involves the breaking down of a crystal lattice for a solid element, or the rupture 

of interatomic bonds in a molecule for a gas. 

Values for heats of atomisation are not easy to measure and are mainly ob- 
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tained by spectroscopic methods beyond the scope of this book. Some typical 
results are summarised below 

H,(g) 432.2 kJ Cl,(g) 239.3 kJ 
C(graphite) 713.6 kJ Br,(g) 190.4 kJ 
O.(g) 493.3 kJ T,(g) 149.0 kJ 

To obtain the heat of formation of methane from its atoms, it is necessary to 
calculate as follows. 

The standard heat of formation of methane is —74.7 kJ mol~? (p. 301), ie. 

i C(graphite) + 2H,(g) = CH,(g); AH = —74.7kJ 
The heats of atomisation of graphite and hydrogen may be written in the following 
form : 
ii C(graphite) = C(free atoms); AH = 713.6 kJ 
iii 2H.(g) = 4H(free atoms); AH = 864.4 kJ 
Subtraction of ii plus iii from i gives the result, 

C(free atoms) + 4H(free atoms) = CH,(g); AH = —1652.7kJ 
and —1652.7 kJ mol~! is the heat of formation of methane from its atoms, a very different figure from the standard heat of formation of methane (—74.7 kJ mol7?). 

There are four C—H bonds in.a methane molecule, and it follows that the average bond energy of the C—H bond in methane is a quarter of 1 652.7, i.e. 413.2 kJ. This may also be called the heat of formation of the C—H bond, if the 
sign is reversed, i.e. 

C(free atom) + H(free atom) = C—H(bond); AH = —413.2kJ 
The main use of heats of formation from free atoms is in obtaining such bond 

energies (p.180). 

12. Heats of hydrogenation. The heat of hydrogenation is the heat change when 1 mol of an unsaturated compound is completely converted into the corresponding saturated compound by reaction with gaseous hydrogen. 
The values of heats of hydrogenation are of importance in showing the peculiarities of conjugated systems (p. 193). The heat of hydrogenation of 1- butene, for example, is 126.8 kJ mol}, 

wml hee | | ughieon tae + H—H—>H— cio Yay copie = —126.8kJ 
| ; H H H H H 

and this really corresponds to the change, 

H 
amon: SE gels ad vali on 

It might, therefore, be expected that the heat of hydrogenation of buta-1,3-diene 

H; H, 
Cc—C ee H H Hol HCC oth 

H—C=C—C=C-H H H 
yon» buta-1, 3-diene Cyclohexene een C+ ‘ 
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would be 2 x 126.8 kJ mol~', whereas the actual value is found to be 238.9, 
i.e. 14.7 kJ smaller. 
An even greater discrepancy is found between the heats of hydrogenation of 

cyclohexene (119.7 kJ mol~+) and benzene (208.4 kJ mol-'). If benzene had three 
C=C bonds in its molecule, the expected heat of hydrogenation would be 
3X 119.7, i.e. 359.1 kJ mol=?. The actual value is 150.7 kJ lower than this. 

conjugated system.and are 
for_by.resonance-(p.193)_or-by-_the-delocalisation-of-x-electrons-(p:-1 94). 

QUESTIONS ON CHAPTER 27 

1. Give an account of the experimental determination of the heat of combustion 
of benzene. Given the thermochemical equations (both at 25°C), 

2CsH.(1) + 150, = 12CO, + 6H,0; AH = —6689kJ 
2C,H2(g) + 5O0,= 4CO,+ 2H,0; AH = —2595kJ 

calculate the heat of reaction for the formation of benzene from ethyne at 25°C 
according to the equation, 

3C,H(g) = CeHa(1) (C. Schol.) 

2. Define heat of combustion and heat of formation. State Hess’s law. (a) For 
the reaction, 

3C,H2(g) = CeHe(g) 

calculate the heat of reaction, stating whether heat is absorbed or evolved. (6) 
Calculate the heat of combustion of ethyne gas. 
You are given the following heats of formation in kJ mol~*: CsH,(g), 82.84 

absorbed; CO,(g), 393.3 evolved; C,H.(g), 226.8 absorbed; H,O(g), 241.8 
evolved. (O. & C.) 

3. Explain the terms: heat of neutralisation, heat of formation, heat of reac- 
tion and heat of combustion. Why is the heat of neutralisation of a strong acid 
and a strong base constant? 

Given that the heat of combustion of benzene is 3278 kJ mol~* (evolved) and 
that the heats of formation of carbon dioxide and water are 393.4 and 285.8 
kJ mol-! (evolved) respectively, calculate the heat of formation of benzene, 
stating whether heat is absorbed or evolved. (O. & C.) 

4. The heats of combustion of hydrogen, carbon and methane are 292.9, 
376.6 and 753.1 kJ mol~ respectively. Calculate the heat of formation of 

methane. 
5. If the heat of combustion of hydrogen is 285.8 kJ mol~*, what mass of ice 

at 0°C could be converted into steam at 100°C by the combustion of 1000 dm? 

of hydrogen measured at s.t.p.? (L.H. of fusion of ice = 330.5 J ee Lot, 

vaporisation of water = 2255 J g~’.) 
6. State Hess’s law. The heat of combustion of ethanol is —1430 kJ and the 

heats of formation of carbon dioxide and water are —393.4 and —285.8 re- 

spectively, all measurements referring to similar conditions. What is the heat of 

formation of ethanol under these conditions? 
7. Do the following figures agree with Hess’s law? 

H(g) + Cl.(g) = 2HCI(g) AH = —184.1kJ 

H,(g) + L(s) = 2HI(g) AH = +506 kJ 
2HI(g) + Cl2(g) = 1.(s) + 2HCI(g) AH = —234.3 kJ 
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NaCl —- 4H,SO, = 4Na,SO, =e HCl 

using 0.2M sodium chloride and 0.1M sulphuric acid is AH = —292.9 kJ. What 
conclusions can you draw about the relative strengths of the two acids? 

9. What temperature rise would be expected if 100 cm? of 0.5M hydrochloric 
acid and 100 cm* of 0.5M sodium hydroxide solution were mixed in a calori- 
meter of thermal capacity 150.6 J K-12? Take all solutions as having a relative 
density and a specific heat capacity of unity, and neglect heat losses. . 

10. The heat of formation of AgC\(s) is —127 kJ and the heat liberated when 
1 mol of silver chloride is precipitated from silver nitrate(v) and sodium chloride 
solutions is 65.48 kJ. Calculate the heat of the reaction, 

Ag(s) + 4Cl,(g) + H,O = Ag*(aq) + Cl-(aq) 
11. The thermal capacity of a bomb calorimeter is 2.259 kJ K~-1. When 1 g 

of benzenecarboxylic acid is completely burnt in the bomb, the rise in tempera- ~ 
ture of 1200 g of water in the calorimeter is 3.65 K. Calculate the approximate 
value of the heat of combustion of benzenecarboxylic acid per mole at constant 
volume. 

12. Using the standard heats of formation for ethane and ethanol, given on 
p. 301, calculate the heat of the reaction, 

C.H¢(g) + 402 = C,H;0H() 
13. Given that 

CO(g) + H.(g) = H,0(g) + C(s); AHoog = —131.3 kJ 
calculate the heat of reaction at constant pressure and 25°C when 1 g of carbon reacts completely with water vapour to form carbon monoxide and hydrogen. What would the value be at constant volume? 

14. Calculate the heat of the reaction 

2Al + Cr,03 = Al,O, + 2Cr 

given that the heats of formation of aluminium oxide and chromium(m) oxide are —1590 and —1130kJ respectively. Comment on points of interest associated with the high heat of formation of aluminium oxide. 
15. State Hess’s law and define heat of formation. The heats of combustion of carbon and carbon monoxide are, respectively, +393.3 and +284.5 kJ. (The + sign denotes heat liberated.) Calculate the heat of the reaction, 

2C + O2, = 2CO (Army and Navy.) 
16. State and account for Hess’s law of constant heat summation. Explain its value in the determination of the heats of formation of organic compounds. The heats of formation of water and carbon dioxide are 285.8 and 405.4 kJ mol-! re- spectively, at 15°C and constant pressure. The heats of combustion of methane and etheneat 15°C and constant pressure are 886.6 and1 423 kJ mol-1 respectively. Calculate the heats of formation of methane and ethene at 15°C (a) at constant pressure and (6) at constant volume. (Gas constant, R, is 8.3 J K-24 mol-?.) (W.) 17. The heat of formation of hydrogen selenide is —811.7 kJ if amorphots selenium is used and —1050 kJ if metallic selenium is used. Calculate the heat change in converting amorphous into metallic selenium. 
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18. The heat of formation of the C—C link (as in ethane) is —341.4 kJ, and 

that of the C=C link (as in ethene) is —610.9 kJ, and that of the C=C link 

(as in ethyne) is —803.7 kJ. How would you expect the reactivity of these three 

hydrocarbons to differ in the light of these data? (O. & C.S.) 

19. Illustrate the importance of calorimetric measurements in chemistry. 

(O. Schol.) 
20. Define (a) the heat of combustion of a compound, and (6) the heat of 

reaction. Outline an experiment to find (@). 

Au(OH); + 4HCl = HAuCl, + 3H20 + 96.23 kJ 

Au(OH); + 4HBr = HAuBr, + 3H20 + 154.0 kJ 

On mixing 1 mol of tetra bromauric(m) acid with 4 mol of hydrochloric acid 

2.092 kJ are absorbed. Calculate the percentage of tetra bromauric(i) acid 

which has been changed into tetra chlorauric(iii)acid. 

21. How can it be decided (a) which is the stabler of two allotropes, (b) whether 

a molecule is likely to have a conjugated system of C=C bonds? 



Chapter 28 : 

Rate and equilibrium constants 

1. Introduction. A_chemical reaction is. simply a rearrangement of atoms. 
Before reaction, various atoms are linked together in different patterns; 
after reaction, a rearrangement is found to have taken place. 
Why do some chemicals react together, whilst others don’t? Can the 

products of a reaction be predicted theoretically ? Why are some reactions 
very rapid, possibly explosive, when others are very slow? Can the rate of 
any reaction be predicted ? What is the precise mechanism by which atoms 
rearrange themselves in the course of a chemical reaction? What is the 
effect on a chemical reaction of changing such factors as the concentrations 
of the reagents, the pressure and the temperature? Why do catalysts some- 
times speed up a chemical reaction, and how do they do it? 
A student sometimes thinks that all the information required to be 

known about a reaction is contained in the simple, balanced equation for 
the reaction, but this is a very limited and false outlook. The questions 
posed above are not answered by a simple equation. They involve, in fact, 
a study of thermodynamics, of chemical kinetics and of reaction mechanisms. 

Whether or not a particular reaction is likely to take place, and some 
indication of the most favourable conditions under which it will take place, 
can be ascertained by a theoretical consideration of the heat, and other 
energy, changes associated with the reaction. This is the province of 
chemical thermodynamics, a brief account of which is given in Chapter 
48. 
Thermodynamic arguments give little or no information, however, about the possible rates of chemical reactions. This is the domain of chemical 

kinetics, an outline of which is given in Chapters 28-32. 
Finally, the atomic rearrangements involved in a chemical reaction are studied under the general heading of reaction mechanisms (Chapter 31). 

2. Rate or velocity constants. The_rate of a reaction can be obtained. by measuring either the amount of reagents..used_up,or_the_amount_of products formed, in unit time. The rate is found to_be dependent on the concentration of the reagents and on temperature, and, sometimes, on 
pressure and catalysis, The relationship between reaction rate and concen- ‘tration is discussed in this chapter; the effect of temperature, pressure and catalysis is dealt with in Chapter 29. 

Chemical reactions vary very greatly in complexity. Some involve only one step whilst others may pass through a number of intermediate steps each having a different rate. There is, as a result, no single comprehensive theory of reaction kinetics, 

a. Simple, one-step reactions, Most simple, one-step reactions are governed by the Jaw of mass action first put forward by Guldberg and Waage in 1864. It states that the rate of reaction, at constant temperature, is proportional to the product of the active masses of the reacting substances. 
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In the following discussion active masses * will be taken as being equal 

to molecular concentrations, i.e. the_activity coefficients will be regarded 

as unity. The discussion will also be limited to homogeneous reactions 

taking place in one phase. Heterogeneous reactions are discussed on p. 318. 

For a simple, one-step reaction 

A + B—> products of reaction Lh Aare dL the 

the law of mass action states that ‘ 

_ Rate of reaction « [A] x [B] 

where [A] is a conventional way of representing the concentration of A 

in mol dm~3. It follows that {> mh? dn ' 

Rate of reaction = k x [A] x [B] 

and k is known as the rate or velocity constant for the reaction. 

If_A and B are gases and partial pressures are used to express their 

concentrations, then 

Rate of reaction = k’ X Pa X Pp. 

For a more general reaction, 

xA + yB + zC —> products of reaction 

the rate is given by 

Rate of reaction = k x [A}* x [BP x [C]’ = k’ X pa®* X Pp” X Pc 

The_rate constant fora given reaction is. a_constant under_given.condi- 

tions. The actual rate of reaction varies, for as the reactants are used up so __ 

the-rate_decreases_until,.eventually, the reaction ceases,___ 

b. Complex reactions. For a complex reaction taking place in steps it is 

still, generally, possible to find an expression relating the reaction rate and 

concentration, but it may not be a simple expression and more than one 

rate constant may be involved. The rate of formation of hydrogen bromide 

from hydrogen and bromine (p. 342), for example, is related to the 

concentrations by the following expression 

k x [H.] x [Br.]* 

Rate = 7, + [HBrl/[Bra) 
where k and m are rate constants. 

. * In many reactions, the active masses of the reactants may be taken as their 

molecular concentrations. These.are most conveniently measured in moles per dm, or 

parti vr gases; in moles per dm? for a solution; oras mole fractions for a 

liquid mixture (p..227). The active mass of a substance is only equal to its molecular 

concentration, however, if there is no interaction
 or interference between the molecules. 

concerned. Many chemical systems do not approach this ideal state and there is some 

interference, particularly in reactions involving ions. In such cases the molecular 

concentration has to be multiplied by an activity coefficient (p. 378) to obtain the 

effective active mass, | Wale an 

Active-mass-=-Molecular- concentration x Activity coefficient 
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This reaction provides an example of a simple, overall reaction equation, 

H, =P Br, = 2HBr 

being related to a much more complex kinetic expression. 
Alternatively, the kinetic expression can be simpler than the overall 

equation would suggest. Thus the oxidation of iodide ions by peroxo- 
disulphate(v1) ions is represented by the equation 

2I- (aq) + S,0,?~ (aq) = 1,(s) + 2S0,?-(aq) 
cy but the rate of the reaction is given by ) Gtr 

Rate = k x [I~] x [S,0,?-] ~ 

3. Reversible reactions. Equilibrium constants. Many reactions do not go to 
completion and then stop, because the products of the reaction themselves 
react to reform the original reactants. 

Phosphorus pentachloride, for example, decomposes, on heating in a 
closed vessel, to form chlorine and. phosphorus trichloride. But chlorine 
and phosphorus trichloride will also react together to form phosphorus 
pentachloride. Eyentually the sealed vessel contains all three chemicals, and 
the.composition.of the mixture, ata given temperature, will be found to be 
the same-whether_phosphorus pentachloride, or an equivalent amount of a 

mixture-of-chlorine-and-phosphorus trichloride, is taken_as the starting 
material. The reaction is said to. be.reversible, 

PCl; = = PCI, + Cl, _ 

and the mixture finally obtained is called the equilibrium mixture. 
When the equilibrium mixture has been obtained in a reversible reaction, 

the system is not static. The equilibrium is a dynamic one, the rate of the 
forward reaction being just equalled by the rate of the back reaction. 

For a reversible reaction 

A+B=>C+D 

it can be shown, experimentally or by a thermodynamic argument, that 

[C] x [D] 
[A] x [B] — 

where K is a constant known as the equilibrium constant. It is conventional 
to put the products of the reaction in the numerator in an equilibrium 
constant expression, and it must be emphasised that the concentrations in 
such an expression are the concentrations in the equilibrium mixture. 

For a more general reaction, 

xA + yB =rC+s5D 
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the equilibrium constant is given by 

xa tcl x IDF 
[A}* x [B? 
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law_of chemical equilibrium. 
If the forward and back reactions involved in a reversible reaction are 

both simple, one-step|reactions then their rate constants will be related to 

the equilibriufn constant. For a reversible reaction 

A+B==C+D 

the rates of the forward and back reactions will be 

Forward rate = k’ x [A] x [B] Back rate = k” x [C] x [D] 

where k’ and k” are the rate constants concerned. At equilibrium 

Forward rate = Back rate 

* k’ x [A] x [B] =k” x [C] x DD) 

(Gea hae a 
[A] x [B]  k” 

In this expression the concentration terms are expressed in mol dm~?, 

and K is sometimes written as K, when these units are used. For reactions 

involving gases, the concentrations may be expressed in terms of partial 

pressures; the corresponding value of the equilibrium constant in these 

units is written as K,. K; is referred to as the equilibrium constant on a 

concentration basis; K, as the constant on a pressure basis. 

MEASUREMENT OF RATES OF REACTIONS AND 

RATE CONSTANTS 

The following examples will illustrate the methods adopted for measur- 

ing reaction rates and rate constants. The first two examples cannot give 

accurate numerical results and are for demonstration purposes only. 

4. Reaction of sodium thiosulphate(v1) solution and an acid. A solution of 

sodium thiosulphate(v1) reacts with acids to form a sulphur precipitate, 

S,03?~(aq) + 2H*(aq) —> H,0() + SO.(g) + S(S) 

and the time of the first appearance of the precipitate is a measure of the 

rate of the reaction,*for the more rapidly the reaction is taking place the 

smaller will be the time required to build up a visible precipitate of sulphur. 

The rate of reaction is, therefore, inversely proportional to the time taken 

_ for the sulphur first to appear. 
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If 5 cm? portions of 0.5M hydrochloric acid are added to separate 5 cm? 
portions of 1.5M, M, 0.5M and 0.25M solutions of sodium thiosulphate(v1) 
and the times when the sulphur first appears are recorded, it will be found 
that the reciprocal of the times are proportional to the original concentra- 
tion of sodium thiosulphate, i.e. 

Rate of . 1 2 Concentration 

reaction “Time ~ of thiosulphate(v1) 

In this experiment a constant concentration of acid is used. 
By-mixing.the.same.acid and hypo solutions at different temperatures it 

i ture increases the rate of reaction. 

5. Reaction of potassium bromate(v) and potassium iodide in acid solution. 
Potassium bromate(v), in acid solution, reacts as bromic(v) acid, and 
potassium iodide, in acid solution, reacts as hydriodic acid, 

BrO3~ (aq) + 6I~ (aq) + 6H+(aq) —> 3H,O(]) + 31,(s) + Br~(aq) 
If a little starch is added to the mixture the iodine is detected by the 

appearance of a blue colour, and the development of the blue colour to 
match a standard colour can be used to measure the rate of the reaction. 

It can readily be shown that the rate is proportional to the concentrations 
of the potassium bromate(v) and potassium iodide solutions used (p. 341). 

6. Decomposition of hydrogen peroxide. The decomposition of hydrogen 
peroxide is very slow at room temperature, 

2H20.(aq) —> 2H,0(1)) + O,(g) 
but it is speeded up by adding a catalyst such as manganese(Iv) oxide. 

The rate of the reaction can be measured by passing the oxygen evolved 
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Fic. 121. The decomposition of hydrogen peroxide. 
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into a gas burette. The rate is then expressed in terms of the volume of 

oxygen collected per second. Initially, when the concentration of hydrogen 

peroxide is high, the rate of evolution of oxygen will be high. As more and 

more hydrogen peroxide is decomposed, the rate will decrease. 

Alternatively, the rate of the reaction can be measured by withdrawing 

samples of the reaction mixture, in a pipette, at definite time intervals. 

These samples are immediately added to a measured excess of standard 

potassium _manganate(v1)_(permanganate) solution which prevents any 

further decomposition of hydrogen peroxide. By back titration, the con- 

centration of hydrogen peroxide in the sample can be calculated. This will 
be equal to the concentration of 

hydrogen peroxide in the reaction 

‘mixture at the time the sample was 

withdrawn. 

If the original concentration of 

hydrogen peroxide at time zero, 

i.e. before adding the catalyst, is 

known the change in concentration 

with time can be found. 
Let the original concentration of 

—— CONC. OF H)0, AT——» hydrogen peroxide at time zero be 

TIME L(C,) c, mol dm~3, and the concentra- 

Fic. 122. tion after time ¢ min be c, mol 
dm~*. Then the amount of hydro- 

gen peroxide decomposed in ¢ min will be (c, — c:) mol dm~%. The 

Co er) 

t 

mol dm~? min-?. This is only an average rate, and to get values for more 

definite rates at definite times a graphical method can be used. 

Plotting (c, — ¢;) against ¢ will give a curve as in Fig. 121. At time zero, 

no hydrogen peroxide will have been decomposed. Eventually; when it has 

all decomposed, the curve will flatten out indicating the end of the reaction. 

This will happen when c, becomes zero, i.e. when there is no concentration 

of hydrogen peroxide, or when (c, — c;) becomes equal to cy. 

The slope of the curve in Fig. 121, at any time, ¢, will give the rate of the 

Co — Ct 

<i, 
N 

RATE OF REACTIO 

AT TIME f 
Tan @= Velocity 

constant 

A 

average rate of the reaction over the period of ¢ min will be ( 

, at time ¢. The corresponding concentration of hydrogen reaction, 

peroxide will be c;. 

Plotting the rates obtained by taking the slopes of the curve in Fig. 121 

against the corresponding c, values will give a straight line as in Fig. 122. 

This proves that, for this reaction, 

Rate of reaction = k[H202] 

The slope of the line in Fig. 122 gives the value of the rate-constant, 
k. 
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It may well have been that the rate had to be plotted against c,? to give a 
straight line. This would have indicated that ¥ 

$ 

Rate of reaction = k’[H,0,}? 

The numerical values obtained in this typical method of following the way in 
which the rate of a reaction changes with time can also be treated more mathe- 
matically, as explained on p. 337. Such a treatment does not necessitate the 
relatively inaccurate and tedious procedure of measuring the slope of a curve. 

7. Hydrolysis of an ester in dilute acid solution. An ester, such as methyl] 
methanoate (formate), is hydrolysed by water to give an acid and an 
alcohol, 

H-COOCH,()) + H,0() —> H-COOH() + CH,OH() 

Under-some- conditions_this_reaction_is reversible (see _p. but in the 
Presence of excess dilute acid the reaction goes practically to completion, at 
a reasonable rate. 

The rate of decomposition of hydrogen peroxide, described in (6), was 
followed by measuring the amount of hydrogen peroxide used up in 
definite time intervals. The rate of hydrolysis of methyl methanoate is 
followed by measuring how much methanoic acid is formed in definite 
time intervals. 

This is done by withdrawing samples of the reaction mixture at definite 
time intervals. These samples are immediately diluted, and titrated against 

Cit an uM UeT Teaction 1n 

concentration of methanoic acid formed to be calculated, though in doing 
this the amount of alkali necessary to react with the dilute acid originally 
present must be taken into account. This latter amount will be constant 
throughout the experiment. 

As time passes, more and more methanoic acid is formed so that the 
titration values for successive samples rise. Eventually they reach a 
maximum value which indicates that the reaction has gone completely and 
that no further methanoic acid is being formed. 
From this final titration value, the total number of moles of methanoic 

acid formed per dm* can be calculated. This must be equal to the original 
number of moles of methyl methanoate present per dm?, as decomposition 
of 1 mol of methyl methanoate produces 1 mol of methanoic acid. 

Let this final concentration of methanoic acid, i.e. the initial concentration 
of methyl methanoate, be c, mol dm-3. Then, if c, is the concentration of 
methanoic acid measured after time t, the concentration of methyl 
methanoate remaining undecomposed after time ¢ must be (co — c), 
i.e. the original amount minus the amount converted into acid. 

Plotting c, against time gives a curve as in Fig. 123, and the slope of the 
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curve at various times gives the rate of the reaction at those times. These 

rates plotted against the corresponding (c, — c,) values will give a straight 

line, showing that 

The slope of the line will give the value of k, the rate constant. 

The. concentration of water in this 

reaction is essentially constant as it_ 
is present in such a large excess (see 
p. 340), and the action of the acid 

added at the start is catalytic (see p. 

354). 
As in 6, the experimental results 

can be interpreted more mathematic- 

ally (see p. 337). 

CONC. OF FORMIC ACID —> 
AFTER TIME t (Cj) 

—— TIME — 

Fic. 123. Formation of methanoicacid 8. Reaction between hydrogen peroxide 

by hydrolysis of methyl methanoate. and potassium iodide in acid solution. 

The Harcourt—Esson reaction. 

This reaction can be used to provide another experimental method of measuring 

reaction rates. The reaction takes place according to the equation, 

2HI + H,O0, —> 2H,0 + I, 

If itis carried out.in the presence.of sodium. thiosulphate(v1), the iodine formed 
reacts to re-form hydrogen iodide, 

I, + Na,S,03 —> 2Nal + Na,S,0, 

2Nal + acid present —»> 2HI 

s0_that_the concentration of hydrogen iodide remains constant throughout. 

Hydrogen peroxide, of known concentration, is added to some dilute sul- 

phuric(vp acid containing some starch solution and 1 cm? of standard sodium 

thiosulphate(v1) solution. At time zero, some potassium iodide is added. 

As iodine is formed, it reacts with the thiosulphate(v1), but when all the thio- 

sulphate(v1) has been used up the mixture turns blue. The time, ¢,, is recorded, 

and a further 1 cm’ portion of thiosulphate(v1) is added. When the mixture once 

more turns blue, the time, f2, is again recorded, and a further 1 cm? portion of 

thiosulphate(v1) is added. This is continued for ten or twelve added portions of 

thiosulphate(v1). The rate of formation of iodine gets slower and slower as time 

passes so that the time for the reappearance of the blue colour lengthens. 

In time ¢,, iodine equivalent to 1 cm® of the standard thiosulphate(v1) is 

formed. In time f2, iodine equivalent to 2 cm? of the thiosulphate(v1) is formed. 

The amount of iodine formed can, therefore, be plotted against time, and the 

rate of the reaction at any time can be obtained by taking the slope of this curve. 

At any time, the concentration of hydrogen peroxide is equal to the original con- 

centration minus the hydrogen peroxide equivalent to the iodine formed. The 

rate of the reaction can, therefore, be plotted against the concentration of hydro- 

gen peroxide, when it will be found that 

Rate oc Concentration.of H,O, 
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9. The inversion of cane sugar. It is very convenient if a reaction rate can be 

followed by a purely physical method and this can be done for the inversion 

of cane sugar. 

Cane sugar, or sucrose, is dextrorotatory, but it is hydrolysed, in acid 

solution, to fructose, which is laevorotatory and glucose, which is dextro- 

rotatory. As the optical activity of fructose is greater than that of glucose, 

the mixture is, in fact, laevorotatory. As the reaction proceeds, then, 

polarised light is rotated less and less to the right, and, eventually is 

rotated to the left. That is why the process is referred to as the inversion 

of cane sugar, and the mixtute of fructose and glucose as invert sugar, 

C,.H2,011 ae H,0 —_ Ce6Hi20¢6 = C6H 120, 

Sucrose Fructose Glucose 
(dextro) (laevo) (dextro) 

Se 

Invert sugar (laevo) 

The rate of the reaction is measured by taking readings on a polarimeter. 
If po, P: and Po are the polarimeter readings at the start, after time ¢, and at 
the end of the reaction respectively, then (p, — poo) is proportional to the 
original concentration of cane sugar, (p, — P:) is proportional to the 
amount of cane sugar used up after time ¢, and(p, — po) is proportional to 
the concentration of cane sugar after time t. The + or — values of the 
polarimeter readings must, of course, be taken into account. 

The amount of cane sugar used up, (p, — p,), can be plotted against 
time, and the slope of the curve at various times will give the rate of the 
reaction at those times. If these rates are plotted against the corresponding 
(Pp: — Po) values it will be found that a straight line results showing that 

Rate « (p, — po) « Concentration of cane sugar 

._ 10. Use of other physical methods. Physical methods, other than the measurement 
“of optical rotation, can also be used. 

Reactions in which there is a change in gas volume can be followed by measur- 
ing the change in pressure with time. For reactions with a smaller volume change, 
perhaps reactions in solution, it may be possible to follow the rate of the reaction 
by carrying it out in a dilatometer (p. 222). 

\-“ If coloured substances are involved, colorimetric methods can be employed, 
and the study of absorption spectra is very similar. Changes in refractive index, 
dielectric constant, and other physical properties can also be useful. PRR 

EQUILIBRIUM MIXTURES. MEASUREMENT OF 
EQUILIBRIUM CONSTANTS 

The state of affairs in a reversible reaction at equilibrium is illustrated in 
section 11 below, whilst sections 12-16 show how equilibrium -constants 
can be measured. 

11. Hydrolysis of bismuth(m) chloride. A dilute solution of bismuth(1) 
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chloride in a little hydrochloric acid is clear and colourless, but addition of 

water produces a white suspension. This is because bismuth(1m) chloride 

is hydrolysed by water to form the white, insoluble bismuth(m) chloride 

oxide (bismuth oxychloride), 

BiCl,(aq) + H,O(1) => BiOC\(s) + 2HCI(aq) 

The reaction is reversible and 

[BiOCl] x [HCI _ 
[BiCl,] x [H,0] 

The shifting of the equilibrium to the left or the right, in this reaction, 

can be shown by adding more hydrochloric acid or more water. Addition 

of water produces more bismuth(m) chloride oxide and the mixture be- 

comes opalescent; the equilibrium shifts from left to right. Addition of 

acid makes the mixture clear again as the equilibrium shifts from right to 

left. 

12. Reaction between an acid and an alcohol. Acids and alcohols react to 

form esters and water, ¢.g. 

CH,COOH + C,H,OH =» CH;COOC;H; + H,0 
o7~hi tk K ; (Qh) 

To find the equilibrium constant for such a reaction, 

[CH;-COOC,Hs] x [H20] 
K. = 1¢H,-COOH] x [C,H;OH] 

it is necessary to measure the concentrations of the substances present in the 

equilibrium mixture at a particular temperature. 

This is done by sealing known masses of ethanoic (acetic) acid (a mol) 

and ethanol (ethy] alcohol) (6 mol) in a glass tube at a definite temperature, 

say 50°C. After some hours at this temperature, the acid and the alcohol 

will have reacted to form the equilibrium mixture. The tube is then cooled, 

and the amount of acid it contains is found by titration with standard 

alkali. The purpose of the cooling is to ‘freeze’ the equilibrium. It is essen- 

tions are being measured, and ‘freezing’ the equili brium means cooling to 

a sufficiently low temperature that the equilibrium will not shift appreciably : tt ; 

If there are x mol of acid present at equilibrium, it follows that (a — x) 

mol of acid have been converted into ester and water. Since 1 mol of 

ester and 1 mol of water are formed from 1 mol of acid, there must be 

(a — x) mol of ester and of water present in the equilibrium mixture. 

Moreover (a — x) mol of alcohol must have been used up, so that the 

amount of alcohol present at equilibrium will be {b — (a— x)} mol. 
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For a sealed tube of volume V dm? the equilibrium concentrations, in 
mol dm~*, would be as follows, 

Cx Acid z Ester 7 

= ia 
at SX Alcohol 2— @~ %) Water y 

and the equilibrium constant will be given by 

(4) x (4) (a — x)? 
one (5) x (2=G— ») ~ x x (6 — (a — x)) 

V 

In this reaction, with an equal number of molecules on each side of the 
equation, the volume of the container cancels out. in_ the equilibrium 

—expression and it need not be known. For a reaction involving a change 
inthe number of molecules involved, the value of | V_must_be known 
(see p. 321). 

13. Reaction between hydrogen and iodine. Hydrogen and iodine react, 
reversibly, to form hydrogen iodide, 

H,(g) + L(g) => 2HI(g) 

To find the equilibrium constant, known masses of hydrogen and iodine 
are kept in a sealed tube at, say, 450°C, until the equilibrium is established. 
The equilibrium mixture is then ‘frozen’ by rapid cooling; rapid so that the equilibrium has not time to shift and adjust itself to the equilibrium which 
would, given time, exist at the lower temperature. 

The amount of iodine in the equilibrium mixture at 450°C is then measured by titration with standard sodium thiosulphate(v1) solution. As a check, too, the amounts of hydrogen and hydrogen iodide can be measured. 
If the original amounts of hydrogen and iodine were a mol and } mol respectively, and if x mol of iodine are converted into hydrogen iodide, then 2x mol of hydrogen iodide will be formed, and the equilibrium con- centrations in mol dm~3, in a vessel of volume V dm*, will be 

Hydrogen, 4— * Iodine, ee Hydrogen iodide, = V V V 
The equilibrium constant will be given by, ; aie 

{ys ERE? witty (F) 4x? ©. ot PEla] Se Espen faa eet eee es (a—x)x@—x) (7) x(A) 
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V, once again, cancelling out. The fact that V does not appear in the final 

OE rag a ; Vand ‘iti 

14. Use_of flow method. The equilibrium mixture resulting from gas reactions can 
be obtained by passing the reactant gases through a tube, kept at a steady tem- 
perature, at such a rate that equilibrium is established. The equilibrium gas 
mixture coming out of the tube can then be ‘frozen’, and analysed. If necessary 
the attainment of equilibrium within the hot region of the tube can be expedited 
by including a catalyst. 

Such a flow method was used, for example, by Haber in his investigation o. the 
formation of ammonia from nitrogen and hydrogen. 

15. The reaction I, + i- == !,~. This is typical of a reversible reaction 

whose equilibrium constant is measured by a partition method. The 
equilibrium constant is given by 

a-1h 

Ste a 
and it is necessary to measure, or calculate, the various concentrations in 

an equilibrium mixture. 
This can be done by dissolving iodine and a known mass of potassium 

iodide, i.e. I- ions, in a known volume of water and adding some tri- or 

tetra-chloromethane or benzene. Free iodine molecules distribute them- 
selves between the aqueous and non-aqueous solvents, but I~ and I; 

do not do this as the ions are insoluble in the non-aqueous solvent. 

The concentration of iodine in the non-aqueous layer can be measured 

by titrating a portion of it and [I,] in the aqueous layer can be calculated 

from this value if the partition coefficient of iodine between water and the 

non-aqueous solvent is known, or is separately measured. 

Titration of the aqueous layer gives the total iodine concentration in that 

layer. This is equal to [J.] plus [I,—]. As [I,] is known, [I,~] can be found. 
The total iodide ion concentration in the aqueous layer can be calculated 

from the original mass of potassium iodide added. This total iodide ion 

concentration is equal to [I~] plus [I,~]. As [I,~] is known, [I~] can be 

found. 
The three-equilibrium-concentrations, [I,], [I,—} and [I-] give the value 

for-K,,-and the. same-value-will-_be-obtained starting with-different amounts 

of iodine,-potassium-iodide-and-water.— 

16. Measurement of gas pressure. For equilibrium mixtures in which the 

number of gaseous molecules changes as the equilibrium shifts it is possible 

to measure equilibrium constants by measuring the pressure exerted by the 

equilibrium mixture. This is particularly convenient when it is required to 

measure equilibrium constants at different temperatures. The equilibrium 
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constant for the dissociation of iodine molecules into iodine atoms provides 
a simple example. 

If 1 mol of iodine is taken, in a container of volume, V, the pressure, Dd, 
exerted at a temperature, 7, at which the iodine is in the vapour state, will 
be given by RT7/V if the iodine did not dissociate. As the iodine does, in 
fact, dissociate, the measured pressure, P, at T, when the equilibrium has 
been established, will be equal to p(1 + «), where « is the degree of dis- 
sociation. This is because the dissociation gives an increased number 
of particles, 

A pee noe 
(1 — a) 2a 

The total number of particles becomes (1 + «), so that the partial pres- 
sure of I, molecules will be P(1 — «)/(1 ++ «) whilst the partial pressure 
of I atoms will be P2«/(1 + «). The-equilibrium constant is, therefore, 

2 Or P2e¥ A+ a 4a7P 407p 

7, CPi)» ie Ose OE ei Ral ah ade 
re (/Z# lon ) fp 

KK XY 

HETEROGENEOUS REACTIONS 

The application of the law of equilibrium to heterogeneous reactions, 
such as those between gases and solids, is difficult because of the problem of 
interpreting the meaning of the active mass of a solid. In some hetero- 
geneous reactions, the. lawn Be applied, as the surface area and nature 
of the solid seem to be the predominant factors. There are, however, some 
selected heterogeneous reactions for which the experimental results can be 
related to the law of equilibrium by assuming that the active masses of the 
solids involved remain constant throughout the reaction. 

17. Thermal dissociation of calcium carbonate. Solid calcium carbonate 
undergoes thermal dissociation on heating, 

CaCO,(s) == CaO(s) + CO,(g) 
and the pressure of carbon dioxide in equilibrium with solid calcium 
carbonate and solid calcium oxide, at any one temperature, is found to be 
constant. This pressure is sometimes referred to as the Aissociation pressure 
of calcium carbonate. Its variation with temperature is shown graphically 
in Fig. 173 on p. 529. 

The law of equilibrium shows that_ 
wees [CaO] x [CO,] 

_____[CaCO,] 
and, if [CaO] and [CaCO] be taken as constant, then K’ is equal to [CO}}. Such a constant concentration of carbon dioxide would give a carbon 
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dioxide pressure dependent only on temperature, for the value of K will 
change as temperature does. In this way, then, the law of equilibrium can 

account for the experimental facts. 
The system can also be considered from the point of view of the phase 

rule. This is done on p. 529, where more details are given. 

18. Reaction of steam and iron. The equilibrium constant for the reaction 

between steam and iron, is given by 

3Fe(s) + 4H,O0(g) == Fe30,(s) + 4H2(g) 

[Fe;0,] x [H2]* 
[Fe]> x [H,O}* 

If the active masses of the solids concerned are taken as constant, 

Tee [H.2]* u [H2] Pr ele age K, = a EEO) Made ai ncaes clcOlewe Co ket Ni Baio 

a 

Such relationships can be tested by measuring the partial pressures of 

hydrogen and steam in equilibrium with different mixtures of iron and iron 

oxide. It is found that the ratio py,/Pu0 is constant at any one temperature 

and independent. of. the amounts of the iron and i iron oxide present. 

(Questions on this Chapter will be found on pp. 327-9.) 



Chapter 29 
Effects of catalysis, pressure and temperature 

on reactions 

1. Effect of catalysts on reactions. 

a. Effect on rate and rate constant. A catalyst alters the rate of a chemical 

Teaction, and, therefore, alters the rate constant of the reaction. In fact, 
the effectiveness of two catalysts in speeding up a reaction is compared, 

quantitatively, by measuring the rate constants of the reaction in the 

presence of each catalyst. The better the catalyst, the higher the rate 

constant. The functioning of catalysts is considered on p. 357. 

b. Effect on equilibrium mixture and equilibrium constant. A catalyst does 

not alter the \composition of the equilibrium) mixture in_a reversible 
reaction, and, therefore, does not alter the value of the equilibrium 
constant. A catalyst does, however, speed up both forward and back 

reactions in a reversible reaction, to the same extent, so that the same 
equilibrium mixture is obtained more rapidly in the presence of a catalyst. 
If a catalyst did affect an equilibrium constant it would defy the law of con- 
servation of energy. A catalyst, for example, which speeded up the change from 
A to B more than the reversed change from B to A could be used to obtain 
energy from nowhere. For, in a reversible reaction, 

A = B+ xjoule 

addition of the catalyst would cause a shift in the equilibrium from left to right. 
An equilibrium mixture of A and B, without catalyst, could, then, be made to 
evolve heat simply by adding the catalyst. 

2. Effect of pressure on reactions. 

a. Effect on rate and rate constant. Pressure has very little effect on solids 
and liquids and does not greatly affect reactions involving only solids 
and/or liquids, 

Reactions involving gases, however, are speeded up by increase of pres- 
_Sure because increasing the pressure of a gas increases its effective con- 
centration. Such increased concentration causes an increased rate of re- 
action, but the rate constant for the reaction remains unchanged and is 

_ not affected by pressure. atte ee 

b. Effect on equilibrium mixture and equilibrium constant. A change of 
Pressure does not change equilibrium constants but it does change the composition of the equilibrium mixture in any reaction in which there is a. 
volume change. This is because change of pressure affects the magnitude of 
the volume change. 

Consider a reaction in which there is an increase in volume, e.g. 

a mol bmol cmol 

and let the amounts of each substance present at equilibrium be as shown. 
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If, then, the volume containing the equilibrium mixture is V dm* the 

equilibrium constant will be given by 

b Cc 
Kos [PCl3][Cl] _ (5) (F) _ be 

“= {PCs ee 
V 

As K must remain constant, an increase in pressure, which will lower the 
volume, V, must lead to a decrease i in 6 and c and an increase in a. This 

means that the equilibrium will shift from right to left, i.e. the the equilibrium 

_mixture will contain more phosphorus pentachloride and less chlorine and 

_trichloride the higher the pressure. Conversely, the equilibrium mixture 

will contain more chlorine and trichloride and less pentachloride the lower 

the pressure. _ 
For a reaction in which there is a decrease in volume, e.g. 

Na cepa = es £nh]} 

the effect of pressure is reversed. The higher the pressure the more ammonia 

there will be in the equilibrium mixture and vice versa. 
In a reaction where the volume of the products is the same as that of the 

reactants, pressure has no effect on the composition of the equilibrium 

mixture, though increase in pressure will enable the equilibrium mixture to 
be attained more quickly in a gaseous reaction, 4) 6) 

2] Wi 
Vv h 

c. Le Chatelier’s principle. The conclusions reached in b. can also be 

deduced from the widely applicable principle of Le Chatelier. This states 

that any system in equilibrium shifts the equilibrium, when subjected to any 

constraint, in the direction which tends to nullify the effect of the constraint. 

Changing the pressure on an equilibrium mixture is applying a con- 

straint to a system in equilibrium. Increase of external pressure will, there- 

fore, cause_the equilibrium_to_shift_in_the_direction_which_will bring about_a 
_lowering of pressure. In a chemical reaction, this means that the equilibrium 

will shift in the direction which produces the smaller number of gas 

molecules. COUAL hs LGA iy Halt a GA } 

Increase in pressure therefore causes an equilibriunt shift from left to 

right in the reactions 

N, + 3H, == 2NH; 
2SO, + O, == 280; 

NH; + HCl = NH,Cl 

. or from right to left in the reactions 

PCI, == PCl; + Cl, 
N,0, == 2NO, 

Ko = EaHaT : vt 
= | 

Vy, 

i.) B 

Ci 

V 
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Decreasing the pressure has the opposite effect, and pressure has no effect 
on the composition of the equilibrium mixture in a reaction in which no 
volume change takes place. 

(Ot 

reactions are concerned. 

Ql 
3. Effect of temperature on reactions. 

a. Effect on rate and rate constant. The rate of a chemical reaction is 
increased by raising the temperature, and the rate constant for a reaction 
is only a constant ata fixed temperature. 

This would be expected from kinetic theory considerations, for increase 
in temperature will increase molecular motion and raise the rate of inter- 
molecular collisions. 

For the majority of reactions the rate constant, and hence the rate of 
reaction, is about doubled for a rise in temperature of 10 K. This means an 
increase of about 10 per cent for each 1 K rise. 

Kinetic theory calculations show, however, that the increase in the total 
number of inter-molecular collisions is only about 2 per cent for each 1 K 
rise in temperature. The-increase_in rate of a_reaction, as temperature is 
increased, is, therefore, greater than the corresponding increase in the total 
number of collisions. Moreover, calculation shows that the total number of 
collisions at any temperature is greater than the number of molecules which 
actually react. Only. a.certain proportion of the total number of molecules 
react on collision, and this proportion rises.more rapidly with increase in 
temperature than does the total number of collisions. 

Arrhenius first suggested, in 1889, that a molecule would only react on 
collision if it had higher than the average energy, i.e. if it was activated, the 
necessary energy for reaction to occur being known as the activation 
energy. This has proved to be a very useful idea, for it can be shown that 
activation energy, E, is the factor which links rate constant with tempera- 

_ ture, the relationship being (p. S30) 

Cink 2 iG) 
dT... -RT* 

The matter is considered in more detail in Chapter 30. 
b. Effect on equilibrium mixture and equilibrium constants. In a reversible 
reaction, change of temperature will affect the rates of both forward and 
back reactions, but not necessarily to the same extent. Change of tempera- ture, therefore, causes a shift of equilibrium and a change in equilibrium 
constant, but the change depends on whether exothermic or endothermic 

The way in which equilibrium constants change with temperature is 
found, both theoretically and experimentally (p. 331), to be governed by 
the relationship . 

dinkK AH 
4 dT aa RT? « 
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where AH is the heat of reaction. 

The expression gives, on integrating, 

iInk=—T 4, 

where c is a constant, if it is assumed that AH does not change with 
temperature. This relationship can be used to show how the equilibrium 

mixture obtained in a reversible reaction will change with temperature. 

For a reversible reaction which is ¢ exothermic in the forward direction, e.g. 

N, + 3H, == 2NH;3; AH = —92.37kJ 

the value of AH is negative. The value of —\H/RT will, therefore, be positive, 
and the greater T is the ae will be its value. K will, therefore, be smaller the 
greater Tisandas Kj, 7/7 

[NH] 
A= THE XING 

less ammonia will be found in the equilibrium mixture the higher the tem- 
perature is. In other words, increase in temperature shifts the equilibrium from 
right to left. Conversely, a lowering of temperature will shift the equilibrium from 
left to right to give an equilibrium mixture containing more ammonia. 

For a reversible reaction which is endothermic i in the forward direction, e.g. 

N, + 0; = 2NO; AH= +179.9'kJ 

the value of AH will be positive, and the value of —AH/RT will be negative. 

Increase in T will make —AH/RT smaller, so that_K will be bigger. Increase in T 

therefore causes a shift of equilibrium from left to right. Decrease in T causes a 

shift from right to left. 7 7, < v 

c. Le_Chatelier’s principle. The shifting of an equilibrium by change of 

temperature can also be predicted by applying Le Chatelier’s epeple: elim 
i oi es re IL 

shift in the direction which absorbs heat. Lowering of the temperature will 

shift the equilibrium in the direction evolving heat. 

Thus in the reversible reaction 

No ca oie == 2NH3; AH = —92.37 kJ 

dor, Ucothu oes bd 
increase in Yee tire shifts the equilibrium from right to left, and 

decrease in temperature will shift it from left to right. The equilibrium 

mixture will contain less ammonia at high temperatures, and mofe at low 

temperatures. 
In the reaction, 

N, +0, =—=2NO;  AH= +179.9kJ 
“~ 

increase in temperature will shift the equilibrium from left to right, and 

decrease in temperature will shift it from right to left. 
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4. Summary. The table given below summarises the effects of a catalyst, 
temperature and pressure on the rate, rate constant, composition of 

equilibrium mixture and equilibrium constant of a reaction. 

Composition 
of equilibrium 

mixture 

Addition of | Changed Changed Unchanged | Unchanged 
catalyst Wt Lapa : 

Rate of / Rate yy 
reaction U 

/ Equilibrium 
és constant K J constant 

Increase of | Increased Unchanged 
pressure for gas 

reactions 
there is a 
change in 
volume 

Decrease of | Decreased 
pressure for gas 

reactions 

Increase of | Increased 
temperature 

ecrease of | Decreased 
temperature 

Mathematical 
relationship 

Trias agian a Soha) Apc te Nae gate Og ect ee eg The change in the position of equilibrium between A and A’ as the 
pressure or temperature is changed may be summarised as follows: 

A == A’ + Heat evolved 
(Smaller (Larger 

volume) volume) 

<— Increase in pressure —— 

—— Decrease in pressure —> 
~<— Increase in temperature —— -< ( 
—— Decrease in temperature —> + , 

APPLICATION TO SOME INDUSTRIAL REACTIONS 
If a reversible reaction is to be carried out industrially the conditions 

must be chosen which will give the most economic yield of the required 
product. The main factors are (a) the proportion of the required product in 
the equilibrium mixture, and (6) the time taken for the equilibrium mixture 
to be formed. These factors can be partially controlled by changes of 
pressure and/or temperature, and the use of catalysts. 

5. The Haber process. The exothermic formation of ammonia from hydro- 
gen and nitrogen, 

N, + 3H, == 2NH;; AH = —92.37 kJ 
was thoroughly investigated by Haber between the years 1905 and 1915. 
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Theory shows that increase of pressure will increase the proportion of 

ammonia in the equilibrium mixture (p. 321), and that decrease in tempera- 

ture will have the same effect (p. 323). These conclusions were borne out by 

experimental studies, the results of which are summarised in Fig. 124. 

High pressure clearly gives a high yield of ammonia, but the higher the 

pressure the greater the cost of equipment to produce and maintain the 

pressure. Most ammonia plants are, therefore, operated at a pressure of 

100 [ 900°C: —— 

50 

200 f--7--- 7 

% OF NH3 IN EQUILIBRIUM MIXTURE —>- 

0 350 500 1000 
PRESSURE / ATMOSPHERES ——>- 

Fic. 124. The percentage of ammonia in the equilibrium mixture obtained 

from a 3:1 mixture of hydrogen and nitrogen at different temperatures 

and pressures. 

about 350 x 10? KN m~? (350 atmospheres), but pressures as low as 

120 x 10? kN m~? (120 atmospheres) or as high as 1000 x 10’ KN m? 

(1000 atmospheres) are used. 

Low temperatures give the highest yield of ammonia, but, at a low 

temperature, the rate of reaction is slow so that the equilibrium mixture is 

only obtained slowly. A compromise between a reasonable rate of reaction 

and a reasonable yield of ammonia is obtained by operating at tempera- 

tures of about 500°C. 

To expedite the attainment of equilibrium, a catalyst, consisting of iron 

oxides mixed with promoters such as aluminium(m1) oxide and potassium 

hydroxide, is used. In operation, the catalyst is reduced to iron. 

An initial gas mixture of hydrogen and nitrogen in the ratio 3:1 by volume is 

used, and the gas mixture must be freed from carbon monoxide, carbon dioxide, 

oxygen, water vapour and sulphur compounds to avoid poisoning (p. 353) the 
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catalyst. As only about 30 per cent of ammonia is formed at 350 x 10? kN m=? 
(350 atmospheres) and 500°C, even if time is allowed for the full establishment 
of equilibrium, the gas mixture is recirculated, the ammonia formed being re- 
moved by solution in water. 

6. The contact process. In the contact process, sulphur dioxide and oxygen 
are converted into sulphur trioxide, 

2SO, + O, == 2S0;; AH = —188.3 kJ 

Increase in pressure will give an increased yield of sulphur trioxide, but 

the effect is small and the yield is good even at low pressures such as 

200 kKN m~? (2 atmospheres) which are, therefore, used in practice. 

As in the synthesis of ammonia, the greatest yield of sulphur trioxide 

would be obtained at low temperatures, but the rate of reaction and 
attainment of equilibrium would be very slow. A compromise temperature 
of about 450°C is used in practice, together with a catalyst of vanadium(v) 
oxide. A yield of about 98 per cent is obtained. 

7. The Bosch process. If steam is passed through hot coke, water gas is formed, 

H,0 + C—>CO+H,; AH= +131.4kJ 
(Steam) = aes 

Water gas 

Carbon monoxide obtained in this way reacts with more steam to g.ve more 
hydrogen, 

CO(g) + H,0(g) == CO,(g) + Hig); AH = —41 kJ 
This reversible reaction is the basis of the Bosch process for preparing hydrogen. 

As there is no change in the number of molecules during the reaction, pressure 
has no effect on the equilibrium mixture formed from carbon monoxide and 
steam. The process is, therefore, operated at a low pressure, just sufficient to 
maintain a flow of gases. 

Lowering the temperature will give a greater yield of hydrogen, but, as in (5) 
and (6), a compromise has to be struck. A temperature of about 500°C is used, 
together with a catalyst mixture of iron and chromium oxides. 

The yield of hydrogen is also improved by using an excess of steam which 
pushes the equilibrium from left to right. 

8. Synthesis of nitrogen oxide. Nitrogen oxide can be synthesised from nitrogen 
and oxygen, 

N.(g) + O2(g) == 2NO(g); AH = 179.9kJ 

Pressure has no effect on the composition of the equilibrium mixture. As the 
reaction is endothermic, raising the temperature increases the yield of nitrogen 
oxide, and to obtain anything like a reasonable yield a very high temperature has 
to be used. Even at 2000°C, the yield of nitrogen oxide is only about 2 per cent. 

The process has been operated industrially by passing air through an electric 
arc. The resulting gas mixture, containing some nitrogen oxide, is cooled where- 
upon the nitrogen oxide is converted into nitrogen dioxide, which can then be 
made into nitric(v) acid. Some nitrogen and oxygen react together, too, in the 
atmosphere, when there are lightning flashes. 
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wl 
QUESTIONS ON CHAPTERS 28 AND 29 

1. What is meant by the rate of a chemical reaction? Describe a method of 
measurement of the rate of one chemical reactioh, and explain to what use the 
result may be put. (O. Schol.) / 

2. When 60 g of ethanoic acid were heated with 46 g of ethanol until equi- 
librium was reached, 12 g of water and 58.7 g of ethyl ethanoate were formed. 
What is the equilibrium constant for the reaction between acid and alcohol? 
What mass of ester would be formed under the same conditions starting from 
90 g of ethanoic acid and 92 g of ethanol? 

3. Describe the experimental method of measuring the rate of reaction for any 

one chosen reaction. 
4. When 1 mol of ethanol reacts with 1 mol of ethanoic acid until an equi- 

librium is obtained, there is then present in the mixture 0.333 mol of alcohol and 
acid, and 0.666 mol of ester and water. Calculate the amount of ester present at 
equilibrium when (a) 3 mol of ethanol react with 1 mol of acid, (6) 92 g of 

ethanol react with 60 g of ethanoic acid, (c) 1 mol of ethanol reacts with 1 mol of 

acid in the presence of 1 mol of water. 
5. State the law of mass action and show how you would use it to derive the 

equilibrium constant of a reaction 

2A+ B=C+2D+ Qjoule 

in which the reactants and resultants are all gases. What steps could be taken 

(a) to obtain as large a yield as possible of C from a given amount of B, and (6) to 

obtain the yield as quickly as possible? (O. & C.) 

6. Describe how the. equilibrium between hydrogen, iodine and hydrogen 

iodide could be measured at, say, 300°C. How would you expect the equilibrium 

to vary with (a) increasing temperature, (b) increasing pressure? Give your 

reasons. The reaction at 300°C is slightly exothermic. (O. & C. S.) 

7. Starting with equimolecular quantities of ethanol and ethanoic acid, the 

position at equilibrium consists (in molecular quantities) of 4 ethanol, $ acid, 

3 ester and 4 water. In what molecular proportions must the acid and alcohol be 

mixed in order to obtain a 90 per cent yield of ester from the quantity of ethanol 

used ? 
8. The reaction 

2NH; es N, + 3H, 

is said to be a ‘balanced’ reaction. What is meant by this? Describe some experi- 

ments that might be carried out to show that the reaction is a balanced one. 

(O. Schol.) 
9, What do you understand by the terms reversible reaction, rate constant, 

equilibrium constant? The equilibrium constant of the reaction 

C,H;OH + CH;COOH == CH;COOC;H; + H20 

at 25°C is 4.0. Calculate the mass of ethyl ethanoate that can be formed at 25°C 

from 100 g of ethanol and 100 g of ethanoic acid. 

10. What do you understand by chemical equilibrium? Suggest methods for 

investigating it in two of the systems: (a) CaCO; == CaO + CO, (5) 

I, +1- == I,-, (©) 2NH3 == Nz + 3H. What generalisations would you 

expect to be able to draw from these results ? 

11. Derive expressions for the equilibrium constant for the reaction represented 

by the following equation: 

2A+B=C+2D 
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if the original concentrations of A and B are a and b mol dm? respectively 
and if (i) x mol dm~? of C are found in the equilibrium mixture, (ii) y mol dm=? of 
A are converted into C and D, or (iii) the equilibrium concentration of B is a/2. 

12. Describe the effect on the equilibrium mixture arising from the following 
reaction, 

CO(g) + 2H.(g === CH;OH(g); AH = —92.05 kJ. 

ot (a) increased pressure, (b) increased temperature, (c) increased partial pressure 
of hydrogen, (d) the presence of a catalyst. 

13. Derive an expression for the equilibrium constant for the reaction 

3H, + Na=—= 2NH,; 

in terms of a, b, x and P, where a and 6 are the original numbers of moles of 
hydrogen and nitrogen, respectively, and x is the number of moles of nitrogen 
which react at a total pressure of P N m2. 

14. Give an account of some uses of Le Chatelier’s principle. 
15. Use Le Chatelier’s principle to predict the effect of (i) increased pressure, 

(ii) decreased temperature on (a) the melting of ice, (b) the solution of sodium 
chloride in water, (c) the solution of ammonia in water, (d) the formation of 
nitrogen oxide from nitrogen and oxygen, (e) the formation of sulphur trioxide 
from sulphur dioxide and oxygen. 

16. 4 g of potassium iodide was dissolved in 500 cm? of water, and about 
1 g of iodine was dissolved in 100 cm? of benzene. The two solutions were then 
mixed and allowed to stand. Subsequent titrations showed that 10 cm? of the 
benzene layer was equivalent to 5.1 cm of M/10 sodium thiosulphate(v1) solution, 
whilst 50 cm® of the aqueous layer was equivalent to 2.9 cm? of M/10 thiosul- 
phate. The distribution coefficient of iodine between benzene and water is 130. 
Calculate the value of the equilibrium constant for the equilibrium, 

KI + I, = KI, 

17. Calculate the percentage by volume of oxygen converted into nitrogen 
oxide when air (79 per cent N, and 21 per cent O, by volume) is heated to 2000°C, 
given that at this temperature the equilibrium constant, K, for the reaction 

4N.(g) + 40.(g) = NO(g) 
is 2.9 x 10-7. (W. S.) : 

18. Distinguish between thermal dissociation and thermal decomposition. 
Formulate the equilibrium constant in terms of the degree of dissociation and the 
total pressure for the gaseous system: 

2NO, == 2NO + O, 

Nitrogen dioxide is dissociated to the extent of 56.5 per cent at 494°C and 
99 KN m~? pressure. At what pressure will the dissociation be 80 per cent at 
494°C? (W. S.) 

19. Discuss the effects of temperature and pressure on the composition of the 
equilibrium mixture in a reversible reaction. The total gas pressure in a system 
originally consisting of a sample of solid ammonium hydrogensulphide (NH,HS) 
at 25°C is 0.66 atmospheres. Calculate the value of the equilibrium constant, K, in terms of partial pressures, explaining the reasoning underlying any assumptions 
you may make. What would be the partial pressure of ammonia in the mixture if 0.1 atmospheres of this gas were added to the system? (O. & C.) 

20. A solution containing 12.7 g of iodine and 166.1 g of potassium iodide in 1 dm* of water is shaken up with 1 dm? of benzene. Given that the partition 
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coefficient for iodine between benzene and water is 400, and that the equilibrium 
constant for the reaction I, + I- =I,~ is 730 (concentrations expressed in 
mol dm~3), calculate (a) the concentration of iodine molecules in the benzene, 
and (6) the concentration of I;> ion water. (Neglect the solubilities of water and 
potassium iodide in benzene and of benzene in water. Be careful to state the units 
in which concentrations are expressed.) (O. & C. S.) 

21. 1 g of hydrogen and 127 g of iodine are allowed to attain equilibrium 
in an evacuated container of volume 10 dm° at a temperature of 450°C. At this 
temperature K, is equal to 50. What is (a) the value of K,, (0) the total pressure 
in thé container, and (c) the partial pressure of hydrogen in the container? 

22. The densities of diamond and graphite are 3.5 and 2.3 g cm~° respectively, 
and the change from graphite to diamond is represented by the following equation, 

C (graphite) == C (diamond); AH = +1.883 kJ 

Is the formation of diamond from graphite favoured by (a) high or low tem- 
perature, (6) high or low pressure? Explain your answers. 

23. Explain what is meant by the law of mass action. Illustrate its application 
by reference to (a) the solubility of a sparingly soluble salt, (6) the distribution 
of asolid between two mutually immiscible liquids, (c) the vaporization of a liquid. 
(C. Schol.) 

24. Two solid compounds, A and B, dissociate at 15°C into gaseous products 

as follows: 
Awz=A’+ HS 

B == B’+ HS 

The pressure at 15°C over excess solid A was 50 mm and over excess solid B was 
68 mm. Find (a) the dissociation constant of A and of B (units, mm?); (b) the 
relative number of molecules of A’ and of B’ in the vapour over a mixture of the 
solids; (c) the total pressure of gas over the mixture. (S. 
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Activation energy 

1. Activation energy. Kinetic theory considerations show that the kinetic 
energy is distributed throughout a gas in such a way that some molecules 
have high, and some low, energy. Furthermore, Maxwell’s distribution law 
(p. 71) states that the number of molecules, n, with energy greater than a 
value, E, is related to the total number of molecules, 7, by the expression 

n= ne HAT 

where R is the gas constant and 7 the absolute temperature. 
If reaction only occurs between activated molecules, as first suggested by 

Arrhenius in 1889 (p. 322), then the rate of a reaction would be expected to 
be proportional to the number of activated molecules. For an activation 
energy of E, the number of molecules with energy greater than E, i.e. the 
number of molecules which can take part in reaction, will be n.-Both 
the.rate_of_a_reactionand_its_rate.constant,-for_given_concentrations of 
reagents, will, therefore, be proportional ton, .so_that 

Rate of reaction « k_« Ae~*/*T 
where A is a constant, mo for given concentrations being fixed. 
On taking logarithms, this relationship becomes 

E 
Ink = C— 5, 

where C is a constant. Thi 
ture, can also be written in a different way, for, if it assumed that C is _ 
independent of temperature, differentiation gives the result 

dink E 
AiO Rr 

Such relationships between rate constant and temperature, derived from 
the kinetic theory, can be shown to hold good for many reactions by 
_Plotting In k against 1/7. Straight lines result, and values of E, activation _ 
energies, can be obtained from the slopes of the lines. 

In the thermal decomposition of dinitrogen oxide at high temperatures, for 
example, ; 

2N,0 —> 2N, + O, 

the values of logio (k x 1000) were found to be 4.064 at 1125 K and 3.575 
at 1085 K. As 

E if 1 10810 Ki — logy) k =F Pcie FO hecei cou amet 
it can be calculated that the energy of activation is 285.6 ‘kJ. 

2. Effect of temperature on number of activated molecules. Two important 
points arise from the idea of activation energy. 



Activation energy 331 

a. Rise in temperature increases the number of activated molecules much 

more than the number of molecules with average energy. For a gas at an 
absolute temperature of T, the average kinetic energy per mole is 3/2 x RT 

(p. 69). At 1 000 K, the average a See be approximately 12500 J mol™'; 

the serae energy. 

The fraction of molecules having an energy greater than, say, 83140 J 

at 1000 K is given by 

e~ 83 140/8314 — 9.000045 7 or 0.00457 per cent 

but the fraction with energy greater than 83140 J at 2000 K is 

er Oe? = 1). 006:77; or 0.677 per cent 

The temperature change which doubles the number of molecules with 

average energy will, therefore, increase the fraction of activated molecules 

by more than a hundred. That is why increase in temperature has such a 

marked _effect_on_reaction_rates. 
The fraction of molecules having energy greater than 83140 J at 300 K, 

i.e. at slightly above room temperature, will be 

e@— 83 140/2 494 — 3.6 x 107-15 

it me place. For a . reaction 1 between two molecules ae Renee energy 

of 83140 J mol™? the velocity will be reasonably high at room temperature, 

but if the activation energy is 160000, a temperature of about 400°C will 

be necessary to achieve a reasonable rate. 

3. Activation energy and heat of reaction. In the relationship between rate 

constant and temperature, 
dink E 
di, Rie 

the activation energy is the important factor. The relationship between 

equilibrium constant and temperature is very similar in form, 

but, here, the heat of reaction is the important factor, 

This similarity between these two expressions is not unexpected, for an 

equilibrium constant is a ratio of two rate constants (p. 308), and. the 

heat of reaction for.a reversible reaction is related tothe.activation.energies 

of the forward.and back reactions. 

An exothermic reaction may be pictured as following a path such as that 

shown in Fig. 125. Although the products of the reaction have lower energy 
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than the reactants there is an energy hump or barrier which must be over- 
come before the products can be formed. The corresponding reaction path 

for an endothermic reaction is shown in Fig. 126. 

ACTIVATED 
STATE 

Activation 

energy 

ENERGY ———> 
REACTANTS 

t 
Heat of 
reaction 

PRODUCTS 

Fic. 125. Reaction path for an exothermic reaction. 

ACTIVATED 
STATE 

5 Activation PRODUCTS 
ly ener, = sy 

Heat of 
_ reaction 

REACTANTS 

Fic. 126. Reaction path for an endothermic reaction. 

For a generalised reversible reaction, represented as 

A=B+Qjoules AH=—Q joule 

the reaction path can be written as in Fig. 127. The activation energy for 
the forward reaction will be E,; for the back reaction, it will be Es. The 
heat.of reaction isthe difference. between. the two activation energies. 

The rate of the forward reaction will be equal to k,[A] and that of the 
back reaction to k,[B], the equilibrium constant, K, being given by 
ky/ko. 
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ENERGY ——>- 

Fic. 127. Reaction paths for a reversible reaction, A => B + Q joule. 

For the forward reaction, 

dink, E 
aT = RP 

dink, Ep 
dT + RT? 

As K is equal to k,/k2, it follows that 

dinK dink, dink, 

dT dT dT 

and for the back reaction, 

= RT? RT? ‘RT? 

_-@ 
RT? 

and, using AH instead of — Q, 

dink AH 
dT t 2 RT? 

which, on integration, gives 
AH 

nK=C— RT 

One further, qualitative conclusion can be drawn from the nature of the 

reaction path for an endothermic reaction..The.activation.energy-must-be-. 

___ greater than the heat of reaction, so that the activation energy of any endo- 

thermic reaction with a high heat of reaction.is bound.to.be-high. Such 

reactions are unlikely, therefore, to take place very.readily at low.tempera-. 

tures. 

4. Equilibrium constant and heat of reaction. The relationships between 

equilibrium constant and temperature mean that values of heats of 
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reactions can be obtained from equilibrium constants measured at two 
different temperatures, for 

st Gowe par {3 1} 
In K, — Inky = — iT ye 

A particularly impressive use of the relationship lies in its application to 
the ionisation of water, 

H,0() == H*(aq) + OH~(aq) 

By measuring the equilibrium constant, or the ionic product, at different 
temperatures (p. 391), th i 
AH = 57.33 kJ, which is in agreement with the measured heat of 
neutralisation of any strong acid and any strong alkali (p. 300). For 
example, 

HC! + NaOH —» NaCl + H,0; AH = —57.33 kJ 

and this reaction, if full ionisation is assumed, is really, 

H*(aq) + OH~ (aq) —> H,0()); AH = —57.33 kJ 

Alternatively, if an equilibrium constant can be measured at one 
temperature the value at some other temperature can be calculated if the 
heat of reaction is known. 

QUESTIONS ON CHAPTER 30 

1, The values of logy) (A x 1000) for the reaction 

2N,0 —> 2N, + O, 

are 4.064 and 3.575 at 1125 and 1085 K respectively. Calculate the energy of 
activation for the reaction. 

2. The fraction of molecules with a higher energy than E is given by e~ 2/7 
Use this relationship to plot a graph of the fraction of molecules having greater 
energy than E against E. 

3. If the activation energy for a reaction is 83.14 kJ what will be the approxi- 
mate ratio of the rate constant of the reaction at 27°C to that at 37°C? What will 
the ratio be for a reaction with an activation energy of 53.59 kJ? 

4, Calculate the activation energy for a reaction which doubles in rate between 
27°C and 37°C. - 

5. A very large number of reactions have activation energies between about 
60 and 250 kJ mol~*. Why is this? 

6. Can you suggest any device, using ball-bearings, which would be helpful in 
the demonstration of the general meaning of activation? 

7. If the degree of dissociation of water is 1.93 x 10-7 at-42°C and 0.39 x 10-7 
at 2°C, calculate the heat of reaction for the reaction 

H,0() => H*(aq) + OH-(aq) 
8. If the equilibrium constant for a reaction is 2.9 x 10-5 at 947°C and 

10.4 x 10~* at 1047°C calculate the approximate heat of the reaction. 
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9. In the thermal dissocation of solid ammonium hydrogensulphide, 

NH,HS(g) ==  H.2S(g) + NH3(g) 

the total pressure at equilibrium was found to be 23.33 kN m~? at 9.5°C and 
66.79 kN m~? at 25.1°C. Calculate the heat of the reaction. 

10. The change of equilibrium constant with absolute temperature for the 
contact process is represented by the equation, InK, = (94560/RT) — (89.37/R). 
Calculate (a) the value of K, at 527°C, and (6) the heat of the reaction. 

11. The equilibrium constants for the dissociation of oxygen. 

O, = 20 

are 9.2 x 107-27 at 527°C and 8.0 x 10-'° at 927°C. Calculate the heat' of dis- 
sociation. 

12. The rate constants for the decomposition of dinitrogen pentoxide at 
different temperatures are given below: 

Temp/°C 25 35 45 55 65 
k/min~’ 0.00203 0.00808 0.0299 0.0900 0.292 

Plot log k against the reciprocal of the Absolute temperature, and use your graph 
to find the average activation energy for the decomposition. 

13. Distinguish carefully between the meaning of activation energy and free 

energy. Would you expect there to be any relationship between the numerical 

values of these quantities for a given reaction? 
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Order, molecularity and mechanism of reactions 

Or ae A) € ALO of Uh tw | Ke | Wig a Ah hg WO. the 
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1. Meaning of Terms. 

a. Order. It has been explained in the preceding pages that experimental 
measurements on the rate of a simple reaction, 

xA + yB —~> Products of reaction 

may show that 

Rate of reaction « [A}*[B]” 

If this be so for a reaction, then the total order of the reaction is said to be 

(x + y), the order with respect to A being x, and with respect to B, y. 

The_order of a reaction need not, however, bea whole number and is not 

necessarily related, numerically, to the chemical equation usually written 
for the reaction. It is determined solely by the orders of the concentration 

terms in the expression which best fits the rate-concentration relationship 
as measured experimentally. 

Thus the order of the reaction usually represented by the equation, 

2N,0; ——— ae 4NO, == O, 

is 1, for experimental measurements show that the rate of reaction is 
proportional to [N,Os]. 

At 450°C, the order of the reaction represented by the equation 

CH;'CHO —> CH, + CO 

is_1.5, for experimental results show that the rate of reaction is propor- 
tional to [CH3;:CHO]*°. 

The kinetic order. ofa reaction danends entirely upon experimental kinetic 
measurements but, when the measurements are complicated, as for a chain 
reaction, the order cannot be given as a simple number (p. 342). 

b. Molecularity. The molecularity of a reaction is more concerned with 
the theoretical reaction mechanism. A_reaction may take place_in_stages, 
and, if so, the overall rate of the reaction, as measured, will be determined 
by the rate of the slowest stage which is known as the rate-determining step. 
7 ari: reaction is defined as the number of at r les 

number, _ 
Very often. the molecularity.of a reaction_is the same_as_its.order. The 

decomposition of hydrogen iodide into hydrogen and iodine, for example, 

2HI —> H, + I, 

is a second order reaction because the rate is proportional to [HI]. It is 
also_a_bimolecular_reaction_(molecularity = 2) because two molecules 
of_hydrogen_iodide.must.come. together before. the reaction can’ take 
place. 
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On the other hand the reaction between hydrogen and deuterium, 

H, + D, —> 2HD 

is.a bimolecular_reaction, but has an_order_of_1.5. 

2. First-order reactions. In a first-order reaction such as 

A——>B+C 
ere Seatac ieee 

If the initial’ concentration of A, at zero time (t = 0) is a mol dm~°, 

and if x mol dm~3 of A decompose in time ¢, then (a — x) mol dm~* 

of A will remain undecomposed after time ¢. At time ¢, the rate of the 

reaction is given by dx/dt and 

dx a ; h gh O\ (ACA x CAN 

a7 k(a— x) if. MY & 

where k is the rate constant._ ; 

It follows that Nicest 4 

= ax 
which, on integration, gives 

i= -; In (a — x) + C (a constant) 

When t = 0, x = 0, i.e. no A has decomposed at zero time, so that 

Pes 

C=j;Ina 

Therefore 
1 fees Gg 

t=— ;in@a@— x) +7 lna=7 in -—.. 

1 a RSLS a : aS or er ah e i ae logic ——; (as In 10 = 2.3) 

For a given reaction under a given set of conditions, the validity of the 

5 . a e 

ati i t inst_In , Le. above relationship can be proved by — 

1 initial concentration A straight line will result, if the reaction is of 
concentration at time ¢ 

the first order, and the rate constant, k, for the reaction can be measured 

from the slope of the line. — 

ion. Thus the time for half the 

reaction to be completed, i.e. for a to become a/2, will be given by 

ee In? 
Ls a—aj2 k 

! 
k 
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This time, known as the half-life time, is independent of a, and a similar 

result is obtained by considering fractions other than a half. 

3. Second-order reactions. For a second-order reaction, e.g. 

A+B—>C+D 

the rate will be proportional to [A][B]. 
The initial concentrations of A and B may be equal or different. If the 

initial concentrations of A and B are both a mol dm~3, and if, after time f, 
x mol dm~? of A and of B have reacted, then 

dx _ < tis i irik: tae ; dE = k(a x) he . X 

On integration this gives 

] x 1 x 
wee taleene OF ih tee a(a — x) 

and the validity of this relationship can be proved by plotting Cagainst 

ew Such a plot will give a straight line for a second-order reaction, 

and the value of the rate constant can be obtained from the slope of 
the line. 
For a second-order reaction, the time for a definite fraction of the re- 

action to take place is not Neri pe For 

je 
4 

Thus, for a to become a/2 in the above Sasaet i.e. for half the reach 
to take place, 

Kc , a/2 - L 
ange ala—al2) ke 

For a second-order reaction with different initial concentrations of 
a mol dm~? and 6 mol dm-3, the expression relating time and concentra- 
tion is obtained by integrating 

i 
aan k(a — x)\(b — x) 

and is 

x HC b(a — x) 
Reet t edhe 

4: Miaiarminats et lor of sand 

a_Gvaphical method, Plotting, t f against In aii will ‘give a straight, 

line for a first order reaction, whereas plotting + eee will give 
a straight line fora second-order reaction, with equal initial. concentrations. _ 
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The order of a reaction can, therefore, be obtained by finding out which 

plot of the experimental data gives a straight line. 

b. Half-life method. The half-life for a first-order reaction is independent 

of the initial concentration. For a second-order reaction it is inversely 

proportional to the initial concentration, and for a third-order reaction it is 

inversely proportional to the square of the initial concentration. 

In general, the half-life times, t; and ¢,, for a reaction with initial con- 

centrations of c,; and c,, are related by 

jie un 
ly ey 

where n is the order of the reaction. The value for which fits the relation- 

ship can be found from measured values of 11, t2,.c: and c. 

completed may also be used. 

c._Ostwald’s isolation method. If all the reactants in a reaction_except.one 

are present in very large.excess the order with respect to the one reactant 

can be measured as in a. or b. above.-By-taking-each_reactant_in_turn,in 

this way, the total order can be. obtained. 

5. Some examples of reaction mechanisms. Chemical reactions are not 

usually as simple as chemical equations indicate. There are many com- 

plicating factors. The products of a reaction may react to reform the 

reactants, as in: reversible reactions. The products may partially react to 

form some other products, thus giving rise to.a series of consecutive re- 

actions. The reactants may react together in more than one way, so that 

side reactions exist. Chain reactions may build up. 
The elucidation of reaction mechanisms is, therefore, very difficult, and 

detailed knowledge is not very great. Some of the details to be fitted into a 

general reaction scheme may have to be, in the first instance, inspired 

guesses, so that some of the information on reaction mechanisms is, some- 

times, unreliable. 

Some of the problems which arise, and the sort of answers that can 

be obtained are mentioned in the following survéy of some typical re- 

actions. 

a. The thermal decomposition of dinitrogen pentoxide. This reaction is one 

of the very few reactions which are both first order and unimolecular. The 

stoichiometric equation for the reaction is 

2N,0; —— >> 4NO, + O, 

but experimental measurements show that the rate is proportional to 

[N,05]. 
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The reaction must, therefore, take place in stages, probably as follows: 

N,O, “2% NO, + NO, 

NO, + NO, =“+ NO, + NO + O, 
Fast 

NO + NO; —> 2NO, 

b. Radioactive decay. The rate of disintegration of a radioactive element 

is proportional to the number of atoms of the element present, as described 

on p. 122. Radioactive decay is, therefore, a unimolecular process exhibit-. 
ie Rigi aptlee Wane: 

c. Pseudo-first-order reactions. The reactions in a. and b. are, in all proba- 

bility, both first-order and truly unimolecular. Many reactions can, how- 

ever, be made to exhibit first-order kinetics by carrying them out under 

special conditions. 

Simple examples are provided by the hydrolysis of esters (p. 312) or.of 

sucrose (p. 314). These reactions are carried out in the presence of a large 

excess of water so that the concentration of water remains virtually con- 

stant. As a result, the rates of the reactions are found to be proportional to 

the concentrations of ester and sucrose respectively. The reactions are, 

however, probably bimolecular. 

Similarly, the reaction of hydriodic acid and hydrogen peroxide in acid 

solution is really bimolecular (p. 313), but if it is carried out in the presence 

of sodium thiosulphate(v1) the iodide ion concentration is made to 

remain constant, and the reaction shows first-order kinetics. 

Reactions which are not truly first order, but which show first-order 
tian ial titi lled eae : 

d. The bromination of propanone (acetone). The bromination of propanone in 
dilute aqueous solution is represented by the equation, 

CH;°CO’CH; + Br, —> CH;°CO:CH,Br + HBr 

The rate of the reaction is found to be proportional to the concentration of 
propanone, but independent of the bromine concentration. It is clear that the 
reaction must take place in stages, and that the rate-determining step does not 
involve bromine. The suggested stages are 

CH;°CO:CH; => CH,-C=CH; 

OH 
CHy—O=CH, + Br, “> CH,;CO-CH,Br + HBr 

OH 

so that the reaction rate is really controlled by the slow change of the ketonic 
form of propanone into an enolic form. 

e. The dissociation of hydrogen iodide. This reaction, 

2HI —> H, +I, 

has been very thoroughly studied. It is bimolecular and has an order of 2. 
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It is thought to be an example of a simple collision reaction between 
activated molecules, and there is a fairly good agreement between the 
rate constant as measured experimentally and as calculated theoretically. 

The activation energy is found to be 184.2 kJ mol! from the variation 

of rate constant with temperature (p. 330). 

The total number of collisions between hydrogen iodide can be cal- 

culated from the kinetic theory, and the fraction of molecules having 

energy greater than the activation energy is equal to e~*/®7, The number 

of collisions between activated molecules can, therefore. be calculated; 

it works out to be 3.25 x 10!” molecules per cubic decimetre per second 

for a concentration of hydrogen iodide of 1 mol dm~? at 101.325 kN m=? 

pressure and 556 K. 
This is the number of molecules which should react so that the reaction 

rate is 3.25 x 107 molecules dm~? s~!, or 3.25 x 1017/6.02 x 10%, i.e. 
5.3 x 10-7, mol dm~? s~?. This is the theoretical value for the velocity 
constant. The experimental value, under the same conditions, is 3.5 x 1077 

mol dm~-? s~?. The agreement is remarkably good when the number of 

factors involved in the theoretical derivation is considered. 

t. The oxidation of hydriodic acid by hydrogen peroxide in acid solution. The 

overall equation for this reaction is 

2HI -- H,0, —— Pe L + 2H,O 

It is found to have an order of 2, and the rate-determining step is probably 

Slow 
I- + H,O, —> H,0 + IO- 

followed by the fast reactions, 

H+ + 10- > HIO 
Fas: 

HIO + H+ + I-—~> H,0 + I, 

g. The saponification of an ester. The reaction between an ester. e.g. ethyl etha- 

noate and a solution of an alkali such as sodium hydroxide, 

CH,"COOC,H, + OH- —> CH;-COO- + C,H,OH 

is found, as the equation would suggest, to have an order of 2. 

h. The reaction of hydrobromic and bromic(v) acids. This reaction provides an 

example of an order very different from that which the stoichiometric equation 

would indicate. The overall equation is, 

5HBr + HBrO, —> 3Br, + 3H,O 

The expression which fits the measured rate of the reaction is 

Rate = k{H*}[Br-][BrO37]| 

which shows that the reaction has an order of 4. 

The rate-determining step may be 

2H+ + Br- + BrO,~- —~> HBrO + HBrO, 

but the subsequent fast reactions can only be guessed. 
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i. The hydrolysis of alkyl halides. The hydrolysis of bromomethane by a dilute 
solution of potassium hydroxide in a solvent of 80 per cent ethanol and 20 per 
cent water is found to be of second order, and of first order with respect to both 
the bromomethane and OH™ ion concentrations, 

Rate = k{CH,°Br][OH— | 

It is suggested that the reaction proceeds via the formation of a transition 
state or activated complex, 

HO- + CH,Br —> {HO....CH....Br} —> HO—CH; + Br- 

Such a process is bimolecular, and a similar mechanism accounts for the hydro- 
lysis of bromoethane under similar conditions. 

But for higher halides such as tertiary butyl bromide, the kinetics oi the 
hydrolysis are first order. The rate is independent of the OH ‘on concentration, 
the mechanism postulated being, 

Bu:Br Be But + Br- 

But + OH- => Bu-OH 

This is a unimolecular process. : ; > The | ical S eh erauon 

n_for nucleophilic (the OH™ ion is a nucleophilic reagent, p. 411, seeking a nuc-_ 
I r. The unimolecular process is an Syl 

reaction. 
The way in which a halide will undergo hydrolysis depends mainly on the 

nature of the halide and how readily it can ionise, and on the ionising power of 
the solvent. Thus the S,2 hydrolysis of bbomomethane in ethanol—water solution 
is replaced by an essentially S,1 hydrolysis in methanoic acid solution, i.e. ina 
better ionising medium. In ethanol—water solution, prop—2-yl bromide (iso- 
propyl bromide) undergoes both Syl and S,2 hydrolysis side by side. 

The mechanism by which a halide undergoes hydrolysis under different 
conditions can be accounted for by electronic theories of organic chemistry. 

6. Chain reactions. The reaction between hydrogen and iodine, like the 

dissociation of hydrogen iodide (p. 341), is a bimolecular reaction taking 

place by collision between activated molecules, but the reactions of hydro- 

gen with bromine and chlorine are very different in mechanism. 

The experimental measurements of the rate of formation of hydrogen 

bromide from hydrogen and bromine are found to fit the complicated 
expression, 

__k{H,]JBr,]* 
m + [HBr]/{Br,] 

where k and m are constants. Clearly the idea of a numerical value for the 
order of such a reaction is of no value. 

The theoretical interpretation of these experimental results involves a 
chain reaction. The first stage is thought to be the slight dissociation of 
bromine molecules into atoms, 

Br, ——> 2Br haw - Wark var nh 

Rate = 
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which is followed by the two reactions, 

ii AYAVBr + H, 2s HBr + H 
in ue Me d ayn 0 

Hil H + Br, —> HBr + Br 
4 \ 

U 

As a result, two molecules of hydrogen bromide are formed, but an atom 

of bromine has also been formed and this can react with more hydrogen, as 

in ii, and thus set off a series of successive reactions, known as a chain 

reaction. If this was all that happened the reaction would go on until all 
the hydrogen or bromine present was used up. 

The uninhibited propagation of the chain reaction is, however, limited 

by reactions such as 

iv H + HBr—~> H, + Br 
0 Wn Mah k er A 

Vv Br + Br—~> Br, ons l 

Reaction i is called a chain-initiating reaction; reactions ii and iii 
are chain propagating reactions; reactions iv and v are chain breaking, 

chain terminating or chain limiting reactions. 

Such reactions can be interpreted theoretically by assuming that a stationary 
state is set up soon after the reaction is started. The rate of formation of any atom 
will be equal to its rate of removal by further reaction. By equating the necessary 
rate reaction expressions it is possible to obtain an overall] rate expression in 
agreement with that found experimentally. 

In the formation of hydrogen bromide by the suggested series of 

reactions, the reaction ii is endothermic and is relatively slow. With 

iodine, instead of bromine, the analogous reaction is still more endo- 

thermic and so slow that the chain reaction taking place in the formation of 

hydrogen bromide does not take place in the formation of hydrogen 

iodide. The direct collision mechanism is more advantageous for hydrogen 

iodide. 
With chlorine, however, the reaction 

Cl + H,—> HCl + H 

is rapid, so that the chain reaction mechanism takes place very easily, and 

often explosively, in the formation of hydrogen chloride from hydrogen 

and chlorine. 
These chain reactions are propagated by atoms; they are_sometimes 

known as atomic chains. Others occur in which the propagation is due to 

free radicals of short life. 

7, Free Radicals. Radicals formed by the rupture of a covalent bond in such 

a way that each atom joined by the bond retains one of the electrons from 

the shared pair, are known as free radicals. Bond rupture of this type is 
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said to be homolytic. Thus the homolytic fission of a covalent bond 

between a group A and a group B gives free radicals of A and B, 

A* B—>Ax«x+°-B 

Free radicals are most commonly obtained by thermal or photochemical 

decomposition. 

a. Thermal decomposition. Paneth first used this method in 1929 to show 

the existence of free radicals. A stream of pure nitrogen or helium at 

about 250 N m~? (2 mm) pressure was saturated with tetramethyl lead 

vapour by passing it over liquid tetramethyl lead, Pb(CH3),. The mixture 

then passed into a quartz tube heated at point A to 500-600°C. The thermal 

decomposition of the tetramethyl lead was shown by the formation of a 

deposit of lead at A. 

The gaseous products passing along the tube were found to be capable of 

reacting with cold metallic deposits of lead, zinc or antimony placed in the 

tube at B, beyond A. The products of these reactions were identified as 

metallic methyl compounds, indicating that the initial tetramethyl lead had 

decomposed, at 500-600°C, into lead and free methyl] radicals. 

These free radicals had only a very short life, for they would not react 

with metals at B if the distance from A to B was too great. By varying the 

distance, AB, and using gas flows of different speeds it was possible to 

measure the half-life period of the methy] radical; the value is about 10-7 s. 

These experiments show that free radicals can be obtained by thermal 

decomposition, and the method of reaction with a metal also enables 

alkyl free radicals to be detected. 

b. Photochemical decomposition (p. 347). Absorption of a quantum of 

light of wavelength 0.3 um (3000 A) by a molecule is equivalent to the 

absorption of about 420 kJ mol~', and this might be quite sufficient, if 

absorbed advantageously, to split a chemical bond, as bond energies are 
of the order 200-400 kJ mol=! (p. 180). 

Propanone (acetone), and other ketones, can, for instance, be split into 
free radicals by ultra-violet light, 

CH3°CO-CH; ie CH;°'CO + CH; 

and tetramethyl lead and alkyl halides can also be split into free radicals 
photochemically. The existence of the alkyl free radicals can be shown by 
their reaction with metallic deposits as in a. The splitting of chlorine 
molecules into atoms by light is a similar process. 

In flash photolysis, a very powerful flash of light with energy of about 105 joule 
and a duration of about 10-‘s is passed through a gas mixture, and the free 
atoms and radicals formed can be investigated by taking a continuous photo- 
graphic record of the absorption spectrum from the gas mixture. 

Free radicals, like free atoms, are highly reactive and they play an im- 
portant part as transient intermediates in many reactions. 
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8. Reactions involving free radicals. Free radicals may participate in 

chemical reactions either by undergoing a simple recombination after the 
formation or by taking part in a chain reaction. 

Simple recombination of ethyl radicals probably takes place in the 

Kolbe reaction, the electrolysis of a solution of the sodium or potassium 

salt of a carboxylic acid. The main product of the reaction is an alkane, but 

by-products are always formed. Sodium propanoate, for example, yields 

mainly butane, but also ethane, ethene and ethyl propanoate. The reaction 

mechanism suggested to account for these experimental facts involves the 

formation of free propanoate radicals, which then split up to form free 

ethyl radicals, 

C,H;;COO- —> C,H;;COO + le 

; C,H;COO —»> C,H; + CO, 

The free ethyl radicals may form butane by simple recombination 

2C,H; ee C,4Hi0 

and ethane, ethene and ethyl propanoate may also be formed by the 

reactions, 

2C,H; —> C,He + CoH, 

C,H; + C,H;;COO i C,H;;COOC,H; 

It seems very likely that a great many reactions, particularly those of 

organic compounds, involve chain reactions in which free radicals are con- 

cerned, but not many reactions have been elucidated beyond doubt. 

Chlorine and methane will not react in the dark, but the reaction can be 

initiated by heating or by the action of ultra-violet light. Once started, the 

reaction proceeds rapidly. The chain reaction thought to be taking place is 

made up of the following stages, 

Cl —> 2Cl Being 
C1 6H IC) 4 CH: 
CHC. > chads a Propasating 

2Cl—> Cl, 9 efi 
2CH, CH Limiting 

Further chlorination of the methane can take place via the reactions, 

Cl + CH;'Cl —» HCl + CH,Cl 

CH,Cl + Cl, —> CHCl, + Cl 

The thermal decomposition of ethanal (acetaldehyde), at high temperatures, 

CH,'CHO —> CH, + CO 

is another reaction which might take place by a chain reaction. The measured 
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order of the reaction is 14, and the possible reaction mechanism involves the 
stages 

CH;'CHO —> CH; + CHO Initiating 

CH, + CH;-CHO —> CH, + CH;'CO 
CH;°CO a) CH3 + CO : 

CHO —> CO + H Propagating 
H + CH,-CHO —> H, + CHs:CO 

CH; + CH; —> C,H, a 
CH; + CH3°CO —> CH;-CO-CH; Limiting 

2CH3°CO —> CH,;°CO-CO-CH; 

By applying the stationary state method (p. 343) to these separate reactions, the 
theoretical order for the overall reaction is found to be 14. 

9. Characteristics of chain reactions. The majority of chain reactions have two 
characteristics which often enable the existence of a chain reaction to be recog- 
nised. 

a. Catalysis by free radicals. If a chain reaction depends on free radicals then 
the introduction of those radicals into the reacting mixture ought to expedite the 
reaction. There are many examples where this is found to be so. 

Ethane and propane can be chlorinated almost completely in the dark at 150°C 
if a trace of tetraethyllead vapour is present, to provide ethyl radicals. Similarly, 
the decomposition of butane at 500°C can be brought about very easily by the 
addition of dimethylmercury vapour. The use of tetraethyllead as an anti-knock 
in petrol is almost certainly connected with its ability to facilitate the decomposi- 
tion of hydrocarbons, and free radicals play a very important part in the cracking 
of fuel oils. 

Ethanal (acetaldehyde) does not undergo thermal decomposition at 300°C but 
addition of a little azomethane, to provide methyl radicals, causes instant de- 
composition. The chain reaction between hydrogen and chlorine can be brought 
about not only by heat or light, but also by a small amount of sodium vapour, 
which forms chlorine atoms by the reaction, 

Na + Cl, —» NaCl + Cl 

b. Inhibition. Just as chain reactions are catalysed by the free radicals which pro- 
pagate the chains, so they are inhibited if anything is done to remove the vital 
free radicals. Introduction of substances which readily react with free radicals 
slows down or stops chain reactions by terminating the chains. 

Nitrogen oxide, which is itself a molecule with an odd electron (p. 192), is 
eT ak effective in inhibiting many chain reactions, presumably by a process 
such as, 

CH; + NO—>» CH;NO —> H,O + HCN 
Similarly, oxygen inhibits the reaction between chlorine and hydrogen or alkanes by reacting with the chlorine atoms, 

O, + Cl—> Clo, 

Because of these possibilities of chains being broken, chain reactions are gen- 
erally very sensitive to the presence of impurities. 

10. Photochemistry. The preceding discussion of free radicals shows that 
light can initiate chemical reactions, and the chemical effects of visible, 
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infra-red and ultra-violet light are studied in photochemistry. Such 

chemical effects may be very useful as, for example, in the important 

process of photosynthesis, in photographic processes, and in other re- 

production processes such as blueprint paper. 
Only light which is absorbed by a system can give rise to chemical effects, 

and this is sometimes referred to as the first law of photochemistry. It was 

first suggested as early’as 1818 by Grotthus and Draper. Einstein sug- 

gested, in 1908, that the absorption of one quantum of light activates one 

atom or molecule of absorbent, and this statement is sometimes known as 

the second law of photochemistry. 
The energy of one quantum of light is equal to hv, where h is Planck’s 

constant (p. 105) and v the frequency of the light used. On a mole basis, the 

energy is Nkvwhere N is the Avogadro’s constant, and this amount of energy 

is known as an einstein. For visible light of wavelength 0.6 um (6000 A), its 

value is 188.3 kJ mol =}; for ultra-violet light of wavelength 0.2 um (2000 A) 

it is 5648 kJ mol-!. 

11. Quantum yield. A molecule activated by the absorption of light energy might 

not undergo any chemical reaction. It may, however, be decomposed by the 

energy, and the resulting atoms or free radicals may initiate a chain reaction. If 

the absorption of one quantum of light energy simply causes the decomposition of 

one molecule, without any subsequent reaction, the quantum yield of the change, 

defined as the number of molecules decomposed or formed per quantum absorbed, 

will be 1. Such a state of affairs, however, is rare. More commonly, the initial 

absorption of one quantum leads to a series of changes corresponding to quantum 

yields with very varied numerical values. 
The effect of ultra-violet light on a mixture of hydrogen and chlorine, for 

example, is to decompose the chlorine molecules. The chlorine atoms so formed 

initiate a chain reaction, 

Cl, + hy —_ 2Cl 

Cl + H,—>HCl+H 

H+ Cl, —> HCl + Cl 

giving an overall quantum yield for the reaction of between 10‘ and 10°. By com- 

parison, the quantum yield for the decomposition of ethanedioic (oxalic) acid 

in the presence of urany] salts, 

U0O2+ + bh — *U0O,?* 
(uranyl ion) (activated) 

*U0,2+ + H,C,0,—»> CO + CO, + H,0 + UO,’* 

by light of wavelengths between 0.25 and 0.45 »m is 0.5. 

The quantum yield of this latter reaction is so constant that the reaction can be 

used to measure the amount of light being absorbed by measuring the amount of 

ethanedioic acid decomposed by titration with standard potassium manganate(vil) 

(permanganate). For every two molecules of ethanedioic acid decomposed, one 

quantum is absorbed. 

12. Radiation chemistry. Atoms and molecules can be activated and/or 

decomposed by radiation other than that of visible, ultra-violet and infra- 
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red light. Still more marked effects can be produced by subjecting sub- 
stances to the effect of high energy radiation such as X-rays and y-rays or 
beams of protons or neutrons or «- or 6-particles. 

Such radiations have sufficiently high energy (that of y-radiation may be 
as high as 2000 MeV per quantum) to cause ionisation in the matter by 
which they are absorbed; they are called ionising radiations whether they 
are electromagnetic, such as X- or y-rays, or particuiate, such as «- and 
-rays. The electrons released in the original ionisation also have high 
energy and bring about still further ionisation. 

The resulting chemical changes are widespread and complex and cannot yet be 
fully interpreted. A typical example is provided by the radiation decomposition 
(radiolysis) of water by a-particles. The main products are hydrogen and hydro- 
gen peroxide, and possible processes include - 

H,O a-particles HO +4e 

H,O+t + e—>H+ OH 

H,O0+ + H,O—> H,0+ + OH 

H+ H-—~>H, 

OH + OH —> H,0, 

Radiation chemistry is still in its infancy. It is of great interest, partially 
because of the known biological effects of radiation and the connection 
with such diseases as cancer. 

QUESTIONS ON CHAPTER 31 

1. 5 cm? portions of M/15 sodium thiosulphate(v1) solution and M/10 hydro- 
chloric acid were mixed at different temperatures, the time for the appearance of a 
sulphur precipitate being recorded. The results obtained were, 

Temp/°C 25 32 35 44 49 61 68 
Time/s 60 43 25 16 11 6 4 

Plot a graph of log 1/time against 1/absolute temperature and comment on its 
significance. 

2. The polarimeter readings in an experiment to measure the rate of inversion 
of cane sugar were as follows: 

Time/min 0 10 20) 30 gO). 80 00 
Angle 32.4 28.8 25.5 224 19.6 10.3 —141 

What is the order of the reaction? 
3. The rate of inversion of cane sugar is of the first order. If 25 per cent of a 

sample of cane sugar is hydrolysed in 60 seconds, how long will it take for 50 per cent to be hydrolysed? ‘ 
4. A solution of hydrogen peroxide was titrated against an M/50 solution of 

potassium manganate(v), and 25 cm? of the peroxide solution were found to be equivalent to 46.1 cm? of the manganate(vm) solution. On adding colloidal plati- num to a sample of the peroxide solution decomposition began. At intervals, 
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25 cm? portions were withdrawn and titrated, rapidly, against the same man- 
ganate(vm) solution. The results obtained were as follows: 

Time/min 5 10 20 30 50 
cm? of KMnO, 37.1 29.8 19.6 12.3 5.0 

Find, cither graphically or mathematically, the value of the velocity constant 
for the decomposition of the peroxide solution. 

5. The rate constant of a unimolecular reaction AB —> A + Bis 1.4 x 1074 
s~1, Explain what this statement means. In what time is half the compound AB 
changed into A and B? (O. Schol.) 

6. Methoxymethane decomposes, under certain conditions, into methane, 
carbon monoxide and hydrogen: 

(CH3),0 —» CH, + CO + H, 

A sample of the ether was found to exert an initial pressure of 40 KN m~’. After 
10 seconds, the pressure had risen by 1.08 kN m~?. How long will it take for the 
pressure to reach 80 kN m~?? 

7. In the reaction between nitrogen oxide and hydrogen to form nitrogen and 
water, the times for half change are 140 and 102 second at initial gas pressures 
of 38.4 and 45.39 kN m~? respectively. What is the order of the reaction? Sug- 
guest a possible mechanism. 

8. In the thermal decomposition of dinitrogen oxide the half-life in seconds rises 
from 255 to 470 to 860 as the initial pressure is changed from 39.47 to 18.53 to 
7kN m~?. What is the order of the reaction? 

9. Explain how you would follow the decomposition of diazoacetic ester which 
decomposes in aqueous solution with the evolution of nitrogen according to the 
following equation, 

N,CH:COOEt + H.0 —» HOCH,°COOEt + N2 

Describe the apparatus that you would use and outline the sort of measurements 

you would make. What form of rate equation would you expect the decom- 

position to follow? (O. Schol.) 
10. The hydrolysis of methyl methanoate in dilute aqueous solution is catalysed 

by hydrogen ions. Describe the experiments you would make to verify this state- 

ment, and to discover how the rate of hydrolysis depends on the concentration 

of the ester and of the hydrogen ion. 

The reaction between propanone and iodine (to give iodopropanone) is cata- 

lysed by hydrogen ions. The rate of the reaction is proportional to the product of 

the propanone concentration and of the hydrogen ion concentration, but is inde- 

pendent of the iodine concentration. What can you infer from this information? 

(O. Schol.) 
11. What factors may influence the rate of a chemical reaction ? Illustrate your 

answer with reference to (a) the saponification of ethyl ethanoate, (6) the reaction 

between sulphur dioxide and oxygen, and (c) the preparation of oxygen from 

potassium chlorate(v). For any one of these reactions describe how the rate could 

be measured experimentally. (O. Prelims.) 

12. Some chemical reactions take place at great speed; others proceed very 

slowly. What are the reasons for these differences? Illustrate your answer with 

examples. (O. Schol.) 
13. What is the order of a reaction in which half the reagents react in half an 

hour, three-quarters in one hour and seven-eighths in one and a half hours? 

14. The thermal decomposition of phosphine into phosphorus and hydrogen 

is found to be a first-order reaction. Suggest a possible mechanism. 
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15. The rate of reaction between potassium iodate(v) and sulphuric(tv) acid 
solutions is found to be proportional to the product of the concentrations of 
potassium iodate(v) and sulphuric(1v) acid. The overall reaction is represented by 
the equation 

KIO, eta 3H,SO, —_ KI + 3H,SO, 

Suggest a likely mechanism for the reaction. 
16. The rate of reaction between phenylamine (aniline) and iodine to form 

3-iodophenylamine in the presence of potassium iodide and a dilute buffer solu- 
tion is found to decrease with increasjng iodide concentration and increase with 
increasing pH. Suggest a possible mechanism of the reaction. 

17. Organic esters can be hydrolysed in both acid and alkaline solutions. Com- 
pare the two reaction mechanisms. 

18. What is the value of an einstein, in joules, for red light ot frequency 
4 x 10'*? 



) 

Chapter 32 

Catalysis 

1. Characteristics and examples of catalysis. Berzelius first used the word 
catalysis, in 1835, to summarise the effect on a variety of reactions of the 
addition of a substance which was able to speed up the reaction but itself 
remained chemically unchanged. Nowadays -a-catalystis_defined_as-a-sub- 

ee ee es ree repel _itself_remaining 
chemically unchanged at the end of the-reactio 

The detailed functioning of a catalyst is a in every case, well under- 
stood, but there are well-established features characteristic of catalytic 
action, which are described below. 

a. A catalyst is chemically unchanged at the end of a reaction. Qualitative 
and quantitative analysis show that a catalyst undergoes no chemical 

Manganese(Iv) oxide (manganese dioxide), used as a catalyst in the 

thermal decomposition of potassium chlorate(v), is powdered in the course 

of the reaction, and the surface of platinum gauze, used in the catalytic 
oxidation of ammonia to nitric(v) acid, is roughened. 

b. A small amount of catalyst often affects the rate of a reaction for a 

long time. As a catalyst is not used up it will go on functioning for a con- 

siderable time; theoretically, but not practically, for ever. Moreover, in 

many reactions, only a minute amount of catalyst is needed. Copper(m) 

ions, at a concentration of about 1 g in 10° dm‘, catalyse the oxidation of 

sodium sulphate(1v) solutions, and a concentration of 2 g of colloidal 

platinum in 10° dm? catalyses the decomposition of hydrogen peroxide. 

In some reactions, however, the rate of reaction is directly proportional 

c. The effect of a solid catalyst is dependent on its state of subdivision. A 

solid lump of platinum, for example, will have less catalytic activity than 

colloidal or spongy platinum, or platinised asbestos. Finely divided nickel 

is a better catalyst than lumps of solid nickel. ~~ 
iA ! ll Fi ie p ‘libri ae 

(see p. 320). 

e. Catalysts are often specific in their action. One catalyst will alter the rate 

of one reaction without necessarily having any affect at all on other reac- 

tions. 

Different catalysts, moreover, can bring about completely different 

reactions. Ethanol vapour, for example, is dehydrated to ethene or 

ethoxyethane (diethyl ether) by passing over hot aluminium(m) oxide, 

Al,O,; 

C,H;OH(g) ——> C,H, (g) + H20(g) 
Al,0, 

2C,H;0H(g) ——> C.H;'0:C,H;(g) + H20(g) 



352 Introduction to Physical Chemistry 

whereas it is dehydrogenated to ethanal (acetaldehyde) or ethyl ethanoate 

by passing over hot copper, 

Cc 

C,H;OH(g) —> CH;CHO(g) + H,(g) 
Cc 

2C,;H,OH(g) —> CH3COOC,H;(g) + 2HA(g) 
Similarly, methanoic (formic) acid vapour is dehydrated by passing over 

hot aluminium(m) oxide, 

Al,O; ‘ 

H:COOH(g) ——> CO(g) + H,O(g) 

but dehydrogenated by passing over hot zinc oxide, 

ZnO 

H-COOH(g) ——> CO,(g) + H,(g) 

Enzymes, which catalyse so many and such important processes, are 

particularly specific in their action. Urease, which can be extracted from 

soya beams, will catalyse the hydrolysis of carbamide (urea) even when 

present only to the extent of 1 part in 10 millions, but it has no effect on the 

hydrolysis of methyl carbamide. 

Other remarkable chemical changes catalysed by enzymes include the 

conversion of starch into maltose by diastase, maltose into glucose by 

maltase, glucose into ethanol and carbon dioxide by zymase, and starch 

into sugars by enzymes, such as pepsin, present in saliva juices. 

‘Natural’ catalysts can, in fact facilitate many complex reactions which 

simply cannot be carried out in a laboratory. 

f. Negative catalysts. A catalyst alters the rate of a chemical reaction, 

and in industry the catalysts which speed up a reaction are generally of most 

importance. Some catalysts, however, retard a reaction; they are known as 

negative catalysts. Typical examples are 
& 

Reaction Negative catalyst 

2H,0, —> 2H,0 + O, Dilute acids. Propane—1,2,3- 
triol (Glycerol) 

2C.Hs-CHO + O, —» 2C,H;-COOH Benzene-1,4—diol 
2H, + O, —> 2H,0 Iodine. Carbon monoxide 

H,SO,; + Air —> H,SO, Benzenol. Tin(11) chloride 
ja a 

Negative catalysts may function by poisoning a catalyst (p. 353) already 
present in the reaction mixture, by being preferentially adsorbed on the 
walls of the reaction vessel, or by breaking a chain of reactions. Tetraethyl 
lead (anti-knock), for example, is added to petrol to stop chain reactions 
which cause pre-ignition or knocking. 

Other everyday examples of the use of negative catalysts are provided by 
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antioxidants in rubber and plastics to retard atmospheric oxidation which 

causes perishing, stabilisers in rocket fuels, and rust inhibitors in anti- 

freeze mixtures for use in internal combustion engines. 

g. The effect of a catalyst is often enhanced by adding promoters. The 

activity of a catalyst is sometimes very greatly increased by the addition of 

a small amount of other substances, which may _have_no catalytic effect.on 

their own, Such substances are known as promoters. 
A remarkable example is provided by the reaction between iodide and 

peroxodisulphate ions, 

21- (aq) + S,0,?~ (aq) —> L,(s) + 2SO,?~ (aq) 

This reaction is catalysed by an iron(m) sulphate(v1) solution as dilute as 

M/32000. But further addition of M/2500000 copper(ir) sulphate(v1) 

solution increases the rate of the reaction still further even though the 

copper(m) sulphate(v1) solution will not act catalytically by itself. 

In the Haber process, the efficiency of an iron catalyst is promoted, by 

adding oxides such as iron(m) oxide, potassium oxide and aluminium 

oxide. 
Other reactions where mixtures are used to obtain the maximum catalytic 

effect are 

Reaction Catalyst mixture 

2CO + 0, —> 2CO, Hopcalite (MnO, + CuO) 
CO + 2H, —> CH;0H Zinc and chromium(ii) oxides 

Water gas + H,-—> Hydrocarbons | Iron or cobalt oxide and thorium 
(Fischer-Tropsch process) oxide 

h. Catalysts can be poisoned. Just _as_small amounts of some substances 
promote.catalysis, so_other-substances poison.a catalyst and render it-in- 

effective. Examples_are given below_ ‘ 

Reaction Catalyst Catalyst poison 

2H, + O, ——— > 2H,0 Platinum Co, H,S OT CS, 

2SO, + O, —» 2803 Platinum Arsenic compounds 

C,H, + H, —> Cre Copper CO or mercury 

2H20, —~> 2H,0 + O, Platinum HCN, HS, or HgCl, 

Less of the catalyst poison than is necessary to cover the surface of the 

catalyst. with_a_monomolecular_layer_will, nevertheless, still poison_the 

catalyst. , 

The action of some catalyst poisons is, too, specific, so that a poison can 

be used to retard an undesirable reaction. Ethanal vapour passed over 
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copper at 300°C is dehydrogenated to ethanal (acetaldehyde) (p. 352), but. 

the ethanal formed then tends to decompose into methane and carbon 

monoxide. This decomposition can be retarded by poisoning the copper 

catalyst by including a little water vapour with the alcohol vapour. The rate 

of change of ethanol into ethanal is not affected by this treatment. 
‘} Water, in this example, is the catalyst poison, but the commonest 
lagers listed above, are also dangerous physiological poisons, which 
possibly prevent important body reactions taking place by retarding the 
catalytic effect of enzymes. 

i. Transitional elements and many of their compounds have marked catalytic 
activity. This is illustrated by the following examples of reactions in 
whic! iti i ts. It 
seems probable that the variable valency of the transitional elements is, in 
some way, related to their catalytic activity. 

Reaction Catalyst 

2SO, + O, ——— 280; Pt or V,0; 

C,H, +H,— C,H. Finely divided 
(Catalytic hydrogenation) Ni 
Co + H,0 —_ Co, + H, Fe,0; 

2KCIO,; ——> 2KCI + 30, MnO, 
2CH;3°CHO + O, —>» 2CH;°COOH Manganese(i1)ethanoate 

CoH. + Cl, —> C,H;Cl + HCl Fe filings 
C,H;°Cl + NH, —_—_> CseH;'NH, 4. HC! 

2CsH. + 2HCI +.0, —> 2C,H;C] + 2H,0 
(Raschig’s reaction) 

C.Hs + HCl + CO —» C,;H,-CHO + HCl Cu,Cl, + AICI, 
(Gattermann’s reaction) 

Bleaching powder suspension <n. O; Co or Ni salts 

2. Autocatalysis. One of the products of a reaction may act as a catalyst for 
the reaction. The phenomenon is known as autocatalysis, and the initial 
reaction rate rises, as the catalytic product is formed, instead of decreasing 
steadily. The plot of reaction rate against time shows a maximum. 
Examples of autocatalytic reactions, with the product acting as the 

catalyst underlined, are represented by the following equations: 

CH3'COOCH; + H,0 —> CH;-COOH + CH,0H 

2KMnQ, + 5H2C,0, + 3H,SO, —> 2MnSO, + K,SO, + 8H,0 + 10CO, 

2AsH; —> 2As + 3H, 

The oxidising action of concentrated nitric(v) acid is also catalysed by fitrdsen dioxide, so that the acid is a poor oxidising agent when it contains no dissolved nitrogen dioxide but a very strong agent when it is saturated with the dioxide, 
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as in fuming acid. Moreover, nitrogen dioxide is formed as a product when the 
acid does oxidise, 

2HNO; ——> H,0 + 2NO, + [O] 

so that the oxidising action is autocatalytic. This accounts for the marked in- 
crease in reaction rate when copper is dipped into concentrated nitric(v) acid. 
By comparison, there is no reaction if carbamide (urea) is present, for carbamide 
reacts with any nitrogen dioxide present or formed. 

The atmospheric oxidation of linseed oil, an important process in the drying 

of paints and varnishes, is also autocatalytic, the catalyst being a peroxide. 

Catalysts added to linseed oil mixtures to speed up the drying process are known 

as siccatives. 

3. Theories of catalytic action. There are so many different catalysts that 

classification is not easy, and there is certainly no all-embracing theory of 

catalytic action. Hinshelwood has written that ‘there is no sense or profit 

in talking about theories of catalytic reactions in general’ because ‘the 

methods of operation of catalysts are as diverse as the modes of chemical 

change’. 5 
In the widest sense, catalysts can be regarded as homogeneous or hetero- 

geneous. In homogeneous catalysis, the reaction takes place in one phase 

generally to be found in reactions taking place in the liquid phases, or in 

solution. i i 

in the same phase as the reacting mixture. This type of catalysis is found in 

gas reactions catalysed by a solid. 

__The two most likely mechanisms of catalytic activity involve the forma- 

tion of intermediate compounds and the adsorption of one or more of the 

reactants. Intermediate compound formation is to _be found most-com- 

monly in ion, i i 

a. Intermediate compound formation. \t is suggested that a reaction repre- 

sented by the equation, 

A+B—D 

might take place, in the presence of a catalyst, C, via the stages 

A+C—>AC 

AC+B—>D+C 

each stage being faster than the direct reaction. 

The catalyst does play a part in the reaction, being converted into an 

intermediate compound, but is eventually reformed. If. the formation and 

i i i ound are reactions with lower energies of 

activation than the direct reaction, then the effect of the.catalyst in speeding 

_up the reaction is explained. In simple language, a big hill is surmounted 

by taking an alternative, two-stage route involving two smaller hills. 

The suggestion is certainly feasible, but the actual isolation of inter- 
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perhaps because the intermediate compounds, by their very nature, are 
—unstable_In_general, then, the intermediate compounds suggested as being 
formed in a catalytic reaction are usually_conjectural_ Ve)") @A 
A mechanism commonly suggested for the thermal decomposition of 

potassium chlorate(v) in the presence of manganese(1v) oxide, for example, 
is represented by the equations, 

2KCIO; + 6MnO, —> 6MnO; + 2KCl 

6MnO, ——a 6MnO, a= 30, 

but the suggested intermediate compound, MnO;, has never been isolated, 
and the detailed mechanism for this reaction is undoubtedly very much 
more complicated. Indeed, potassium chloride and oxygen are not the only 
products. 

In some reactions, where the ‘catalyst’ must be present in fairly large 
quantities, the formation of intermediate compounds can be proved. In the 
Friedel-Crafts’ reaction, for example, using aluminium chloride as the 
‘catalyst’, the reaction mechanism is represented by the following equations, 

CH;°Cl + AlCl, —» [CH,]+[AICI,]- 

CeHs + [CH3]*[AICl,]- —> C,H;CH; + AICI, + HCI 

with [CH3]*[AICI,]~ as the intermediate compound. Similarly crystals of 
nitrosylsulphuric(v1) acid, NO-HSO,, can be isolated in the lead chamber 
process for making sulphuric(v1) acid, and the equations 

2NO, + 2H,O + 2SO, —> 2SO;NH, (sulphonitronic acid) 
2SO;NH, + NO, —> 2NO:HSO, + H,O + NO 

2NO:HSO, + SO, + 2H,0 —> 3H,SO, + 2NO 

3NO + 140, -—> 3NO, 

give a better indication of the reaction mechanism than the simpler 
equations 

2NO, + 2H,0 + 2SO, —> 2H,SO, + 2NO 

2NO + O, —> 2NO, 

In both the Friedel-Crafts’ and the lead chamber reactions, however, it _ 
can be argued that the aluminium chloride and the nitrogen dioxide are not 
genuine catalysts because they must be present in reasonably high con- Rant 

The suggested formation of intermediate compounds is probably most 
usefully applied in the field of acid-base catalysis (p. 357). 

b. Adsorption by catalysts. Ina typical example of heterogeneous catalysis, 
such as a reaction between two gases catalysed by a solid, it is suggested 
that at least_one_of the reacting gases is adsorbed on the solid surface, 
with a resultant weakening of the bonds in the molecules concerned 
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rendering them more reactive. If the adsorption is chemisorption (p. 496), 

something not unlike an intermediate compound is being formed. — 

Subsequent reaction takes place between adsorbed molecules, or between 

one adsorbed molecule and a molecule in the gaseous phase. Finally, the 

reaction products are desorbed from the surface of the catalyst. In some 

reactions, too, the rates of diffusion to and from the catalyst surface are of 

importance. 
The very real importance of surface effects in some chemical reactions 

can very readily be shown. The bromination of ethene (ethylene), for 

example, takes place quite readily at 200°C in a glass flask, 

C.H.(g) + Br2(g) —> C.H.Br.(g) 

Coating the inside_of the glass flask_with_paraffin-wax-stops-the-reaction 

almost completely, whilst increasing the glass surface area_by the addition 

of glass beads to the flask increases the reaction rate.considerably. 

Yet too little is known about the mechanism of adsorption at solid 

surfaces for this adsorption theory of catalytic action to be widely applic- 

able in any detail. 

4. Acid-base catalysis. Catalysis by acids and/or bases provides one of the com- 

monest types of homogeneous catalysis. 

Many reactions are well known to be catalysed by H*+ and/or OH™ ions. 

Examples are provided by the hydrolysis of esters (p. 312), the inversion of cane 

sugar (p. 314) and the decomposition of hydrogen peroxide (p. 311). 

The rate_of inversion of cane sugar,-_in-parti i i + jon 

concentration,-and measurement of the reaction rate can be used as a method of 

measuring unknown H* ion concentrations (p. 404). In this reaction, the anions 

present are not of primary importance. 

For some reactions, however, both H+ and OH™ (ons have a catalytic action. 

The rate of mutarotation of glucose, for example, is approximately proportional 

to the H+ ion concentration at pH less than three and approximately proportional 

to the OH" ion concentration at pH greater than six. For pH between 3 and 6, 

the rate of the change is independent of pH. Similarly, the rate of iodination of 

propanone reaches a minimum at pH of about 4. As the pH is changed (either 

lowered or increased) the reaction rate increases. 
aaats i: : thought to be due to the formation_ 

of an intermediate compound between the ions and one of the reactants. 
Similarly, 

: santa OMS Tons ir abili 2 

ton from one of the reagents. In keto—-enol tautomerism, for example, the acid 

catalysed change is represented by the equations 

best bobed 
_t--o Ht, —C-C=0H —» —C=C—OH+ Ht 

| tr th 
whilst the base catalysed change is represented by 

= | Nas oe 
as beet, OH", —cC=C—O —> —C=C—OH + OH- 

A +H,0O 
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If H* and OH" ions act as catalysts in this way it would be expected that other 
proton donors and proton acceptors would catalyse reactions in the same sort of 
way, and this is, in fact, so. 

Nitramide, for example, decomposes in aqueous solution into water and 
dinitrogen oxide, 

NH,NO, + OH- —»> H,0 + NHNO,- 

NHNO,- —> N,O + OH- 

In a buffer solution of ethanoic acid and ethanoate ions, the OH~ ion concen- 
tration is too low to catalyse the reaction, but ethanoate ions, acting as a base, 
do catalyse the reaction, 

NH,NO, + Ac- —> HAc + NHNO,- 

NHNO,- —> N,0 + OH- 

OH- + HAc—> H,O + Ac- 

ay_general basic catalysis. Other reactions display 
¢ is, and the keto-enol transformation is subject to both general 

acid and general base catalysis. The transformation will not take place in an 
aprotic solvent (p. 409) such as a pure hydrocarbon, but addition of an acid, e.g. 
ethanoic acid, or a base, e.g. ethylamine, enables the reaction to take place. 

Since a solvent such as water can act as either an acid or a base it may itself 
act as a catalyst. It has, in fact, been reported that Many common reactions do_ 

i of moisture. Ammonia and hydrogen chloride, for example, will 
not react if they have been dried for long periods over phosphorus(v) oxide. 

It is possible, then, that many reactions in solution may be catalysed by the solvent. Addition of salts to such solvents will affect the ionic concentrations, 
leading to so-called salt effects. 

QUESTIONS ON CHAPTER 32 

1. Describe and illustrate, with examples, the essential features of a catalyst. (O. & C.) 
2. What do you understand by the term catalyst? Give three examples of catalysis, and state how you would show experimentally that manganese(Iv) oxide catalyses the decomposition of heated potassium chlorate(v). (Camb. Ist M. B.) 
3. What are the essential characteristics of a catalyst? What general explana- tions can you give of catalytic activity ? How would you find out whether copper(m) oxide catalysed the decomposition of potassium chlorate(v)? (O. & C.) 4. State the characteristic features of catalysis. Define the following terms, quoting one example of each: (a) homogeneous catalysis, (6) heterogeneous catalysis, (c) catalyst poison, (d) autocatalysis. What influence has a catalyst on the composition of the final equilibrium mixture of a reaction ? Mentioning essen- tial experimental details, describe concisely how you would find out whether a given mineral acid acted as a catalyst for the hydrolysis of ethyl ethanoate by water. (N.) 
5. State two important characteristics of a catalyst. For each of the two main 



Catalysis 359 

processes for manufacturing sulphuric(v1) acid outline one mechanism which has 
been suggested as accounting for the action of the catalyst. What is meant by 
(a) negative catalysis, (b) autocatalysis, (c) poisoning of catalysts? Quote one 
example of negative catalysis and one example of autocatalysis. Describe one 
industrial consequence of the poisoning of catalysts. (N.) 

6. What effect can a catalyst have on (a) the velocity of a reaction, (5) the 
equilibrium position in a reversible reaction? What types of catalyst are recog- 
nised and what theories have been advanced to explain their action? Name 
three industrial processes in which catalysts are used, stating the catalyst in each 
case. (O. & C.) 

7. A catalyst is something which speeds up a reaction but does not start it. 
Criticise this definition of a catalyst. 

8. How would you demonstrate, experimentally, that the reaction between 
ethanedioic (oxalic) acid and potassium manganate(vm) was autocatalytic and 
that Mn?+ ions were responsible for this? 

9. Draw the general shape of the rate of reaction-time graph for an auto- 
catalytic reaction. 

10. Explain why copper dipped into concentrated nitric(v) acid reacts slowly 

at first and then with increasing speed. Explain, also, why the copper will not 

react if some carbamide is added to the nitric(v) acid. What is the effect of 

(a) hydrogen peroxide, (b) sodium nitrate(m) on the reaction between copper and 

nitric(v) acid? 
11. Give examples, with equations where possible, of chemical reactions which 

are catalysed by (a) a metallic surface, (b) a colloidal metal, (c) hydrogen ions. 

12. Comment on the following: (a) The reaction between solutions of sodium 

chloride and silver nitrate(v) is said to be instantaneous. (b) Hydrogen and oxygen 

normally need heating before they will combine, but on a palladium surface they 

will combine at ordinary temperatures. (c) Although a catalyst affects the speed 

of a reaction it does not alter the position of equilibrium. (d) Several reactions of 

chlorine are accelerated by light. (O. & C. S.) 
13. Write an essay on ‘Enzymes’. 
14, The rate constants for the decomposition of nitramide at 15°C are sum- 

marised, as follows, together with the corresponding ionic concentrations: 

Rate const. x 10° 212 246 383 526 726 800 

[H+] x 10° 8.2 7.8 4.0 35 0.98 1.7 

{CH3°-COOH] x 10* 146 162 136 169 67 126 

[{CH3°-COO-| x 10* 35°5 41.4 68.3 96.1 136 158 

What conclusions can you draw? 

15. The following equations have been suggested to account for the catalytic 

action of manganese(tv) oxide on the thermal decomposition of potassium 

chlorate(v), 

2MnO, + 2KCIO,; —> 2KMnO, + Cl, + O2 

2KMnO, —> K,MnO, + MnO, + O, 

K,MnO, + Cl, —> 2KCl + MnO, =o O, 

Describe carefully what experiments you would carry out to attempt to prove 

the validity or falseness of these equations. ; ; 

16. What is meant by the statement that negative autocatalysis occurs in the 

esterification of an organic acid? ‘ 



Chapter 33 

Ionic theory and conductivity 

Faraday’s laws (p. 89) were the first outcome of quantitative measurements 
on the passage of electricity through solutions, and these laws, together 
with many other observations and measurements to be described in this 
group of chapters, are accounted for by the ionic theory first suggested 
by Arrhenius in 1887. 

The ionic theory, in its broadest outline, is concerned with the forma- 
tion, the number and the speed of ions in a liquid or a solution. _ 

1. Formation of ions. Any compound, which, in solution (most commonly in 
water) or in the fused (molten) state, will conduct an electric current, and be 
decomposed by it, is called an electrolyte. Other substances are known as 
non-electrolytes. 
The ionic theory supposes that a molten electrolyte, or a solution of an 

electrolyte, contains free, electrically charged atoms or radicals known as 
ions. These ions are responsible for the electrical conductivity of the liquid 
or solution, and for many of its physical and chemical properties. That is 
why the number of ions present, and their speeds, are matters of im- 
portance. 

The following points regarding the formation of ions should be noted 
carefully. 

a. Any electrolyte gives both positively and negatively charged ions, but 
the total charge on the positively charged ions is exactly balanced by that 
on the negatively charged ions, e.g. 

MgCl, —»> Mg?+ + 2CI- 

FeCl, —> Fe?+ + 3C]- 

(NH,)2SO, —> 2NH,+ + SO,?- 

Solutions of electrolytes are, therefore, electrically neutral though they 
contain free positive and negative ions. 

b. Positive ions are called cations, as they migrate towards the cathode 
during electrolysis; they are formed from atoms or radicals by the loss of 
electrons, Negative ions, known as anions, are formed by the gain of 
electrons. For example 

Na — > Nat + le Cl + le —» cC- 
A cation An anion 

The ions of metals, and the ammonium and hydrogen ions, are, generally, 
positively charged; those of non-metals and acid radicals are, generally, 
negatively charged. 

. 
c. The loss or gain of electrons by an atom or a radical affects its properties, 
so that an ion and an atom of the same element are quite distinct. The 
one is electrically charged; the other is neutral. 
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d. Ions in solution are, generally, solvated. This means that the simple 

ion is combined with some solvent molecules. The H* ion, for example, 

has a molecule of water combined with it in aqueous solution; it exists as 

the oxonium or hydronium, H3;O0+, ion. Such hydration or solvation of 

an ion has often to be taken into account but when it is not of particular 

significance the simple ion is usually written in chemical equations. 

2. The degree of ionisation. Weak and strong electrolytes. Experimental 

results show, as will be seen, that there are two general types of electrolytes 

known as weak and strong electrolytes. 

a. Weak electrolytes. Weak electrolytes, eg. most organic acids and bases, 

solution. This is due to the fact that only a fraction of their molecules split 

up into ions in solution. The solution formed contains some ions, but these 

are in equilibrium with unionised molecules, e.g. 

H,O0 = H?* + OH- 
HEt == H* + Et” 

Ethanoic acid Ethanoate ion 

The lack of complete ionisation accounts for the low conductivity. 

~The f fraction, or ' percentage, of ‘molecules which are ionised is known as the 
degree of ionisation. In M/10 ethanoic acid solution, for example, the 

degree of ionisation is 0.0134 or 1.34 per cent. Such a solution contains 
mainly ethanoic acid molecules, together with relatively few hydrogen and 

ethanoate ions. In pure water there are mainly H,O molecules and only very, 

very few H* and OH7— ions (p. 390). 
One of the most sk lr contributions of Arrhenius was his suggestion 

(p. 366) th r tion of a weak electrolyte increases as the 

ea ets ree al at inte dilution (zero concen- 
tration) the degree of ionisation rises to 1 or 100 per cent. In M/1000 

ethanoic acid solution, for example, the degree of ionisation is 0.134 or 

13.4 per cent. This rather unexpected proposition is of major importance 

in accounting for the behaviour of weak electrolytes. 

The actual number of ions in a solution of a weak electrolyte depends, 
therefore, on (i) the total concentration of the solution, i.e. on the number_ 
of molecules which might provide ions, and (ii) the degree of ionisation, 

i.e. the extent to which any molecules present are split up into ions. 

b. Strong electrolytes. Strong electrolytes, e.g. mineral acids, alkalis and 

most salts, give solutions with much higher conductivities than weak 

Sectrolytes! This is because strong electrolytes are more or less completely 
ionised when in the molten state or in solution. In other words, their degree 

of ionisation is 1 or 100 per cent, or nearly so. Strong electrolytes, in fact, 

ieee euaihlose( 169). 
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If it is assumed that a strong electrolyte is fully ionised in a solution of 

any dilution, the number of ions present in the solution will depend only on 
} : Ft} juti 

3. The speed of ions. Ionic interference. The ionic theory assumes that the 

passage of an electric current through a solution of an electrolyte depends 

both on the number of ions present in the solution and on their speed. 

For a strong electrolyte, fully ionised, the number of ions present in a 

solution will be proportional to the concentration of the solution, but the 

electrical conductivity of such sdlutions is not proportional to their 

concentrations. 

The experimental effect of concentration on the conductivity of a solution 

of a strong electrolyte is now regarded as being due to a variation in ionic 
speed. In a solution containing a high concentration of ions, a high degree’ 
of ionic interference is envisaged, which effectively decreases ionic speed. 
As a solution is diluted, such ionic interference gets smaller and smaller, 

and it is this change in the extent of ionic interference which is used to 
account for the way in which the conductivity of a solution of a strong 
electrolyte changes with concentration (p. 366). 

This idea of ionic interference is a valuable addition to the original ideas 
of the ionic theory. 

4. Summary of ionic theory. The important fundamental ideas of the ionic 
theory may be summarised as follows: 

a. A solution of an electrolyte contains free ions. 

b. Passage of a current through a solution of an electrolyte depends on (i) 
the number, (ii) the speed of the ions present. 

c. In a solution of a weak electrolyte the degree of ionisation increases as 
the dilution increases, until, at infinite dilution (zero concentration), there 
is complete ionisation. 

d. In a solution of a strong electrolyte there is always complete ionisation, . 
ie. the degree of ionisation is approximately 1 or 100 per cent, but ionic 
interference limits the movement of the ions. This ionic interference 1 i he dilution j : 

CONDUCTIVITY OF SOLUTIONS OF ELECTROLYTES 

5. Conductivity.* Solutions of electrolytes, like metallic conductors, obey 
Ohm’s law except under abnormal conditions, The current flowing through 
a given solution under given conditions is, therefore, proportional to the 

* The term electrolytic conductivity is used when the context demands it. 

/ 

» 
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reciprocal of the resistance of the solution, and this quantity is known_as 
the conductance of the solution; it is expressed in ohm~! (Q-'). A solution 
with a resistance of 10 Q has a conductance of 0.1 Q-1. Remember that 

high resistance means low conductance, and vice versa. 
To compare the resistances of different substances the idea of resistivity 

is used. Similarly, for conductance, conductivity is used. The resistivity of 

a_conductor is defined as the resistance between opposite faces of a unit 

cube of the conducting material. As resistance is proportional to length 
and inversely proportional to cross-sectional area, it follows that 

ashe _ Ra 
re a or P= a 

where R is the resistance, li is the icngel” ais 's the area, and ¢ is the resistivity 

of the materia1 concerned. 

If R is measured in ohms, / in metres, and a in square metres, p will be in 

ohm metre (Q m) units. These are the basic SI units but Q cm and pQ m 

units are also commonly used. 

The reciprocal of the resistivity( 1/e) is known as the conductivity (x). 

The basic SI units of conductivity are ohm-! metre? a -1 m-!) but 
Q-1! cm~! units are very common. 1 QO cm? = 100 Q7 m 

The importance of the measurement of the conductivities of solutions 

of electrolytes is concerned with the way in which they vary with the 

concentration of the solution as described on p. 365. 

6. Measurement of conductivity of solutions. The conductivity of a solution 

is obtained by measuring its resistance using a modified Wheatstone 

Variable 
condenser 

Conductivity 
cell? > S Variable 

resistance 

A B 

A.C. 
source 

Fic. 128. Wheatstone bridge circuit for measuring-conductivity. 

bridge circuit. Because direct current causes a back e.m.f. (p. 439) due to 

polarisation, a rapidly alternating current must be used, and a telephone 

receiver or an oscilloscope is used in the Wheatstone bridge circuit to 

detect the balance point. 
A typical arrangement is shown in Fig. 128. The variable resistance and 
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the position of X along a wire, AB, are changed until no current passes 

through the detector. At this balance point, 

Resistance of Conductivity Cell | = AX 

Resistance of Variable Resistance XB 

and the value of the resistance of the conductivity cell is obtained. 

The a.c. source can be an induction coil, but in modern work a vacuum tube 
oscillator is used; it is quieter and gives a more symmetrical current. For accurate 
work the capacitance of the conductivity cell is balanced by having a variable 
condenser in parallel with the variable resistance. The conductivity cell containing 
the solution under test is made of insoluble glass or fused silica and must be 
thoroughly washed and steamed before use. The shape of the cell varies as shown 
in Fig. 129. The electrodes are generally of thick platinum foil, firmly fixed in 
position and coated with a layer of platinum black to decrease polarisation effects. 

Fic. 129. Conductivity cells. The right-hand one is a dipping cell. 

Specially purified water, known as conductivity water, must be used for accurate 
work in making the solution. Such water is obtained by distilling good distilled 
water, containing a little potassium permanganate(vm), in a hard glass distillation 
flask using a tin or resistance-glass condenser. Alternatively, high-grade ion- 
exchange resins (p. 500) can be used. Ultra-pure water, made by the repeated 
distillation under reduced pressure, must be used for the most accurate work. 

Ordinary distilled water has a conductivity of 5-10 x 10-® ohm~! cm-}. 
Conductivity water of quite good quality will have a value of about 0.5 x 10-6 
ohm~* cm~*. Ultra-pure water may have a value of 0.05 x 107°, 

From the measured resistance of a solution in a given cell, the resistivity, 
and hence the conductivity, could be obtained if the cross-sectional area 
of the electrodes, a, and the distance between them, J, were known. Such 
measurements would, however, be very difficult to make, and they can be 
avoided by making use of what is known as the cell constant. For a given 
cell, both / and a are constant, and the ratio, //a ,is called the cell constant, 

As R is equal to //xa it follows that 

1 
Measured resistance 

A cell constant can be obtained from the cell dimensions, but it is more 
commonly measured by using a solution, such as M/10 potassium chloride, 

Conductivity = Xx Cell constant 
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whose conductivity is known, Once measured, the cell constant for a cell is 

fixed so long as the physical dimensions of the cell are not altered in any 

way. To ensure this the electrodes in a conductivity: cell must be rigidly 

fixed in their relative positions. 

7. Variation of conductivity with concentration. The conductivity of a solu- 
tion varies with its concentration as shown in Fig. 130. The full curve, with 

the maximum, is only obtained when a wide range of concentrations is 

possible. In many cases a saturated solution is obtained before the maxi- 

mum is reached so that only the left hand part of the curve is obtainable. 
Some substances, such as potassium chloride, give solutions with much 

higher conductivities than others, such as ethanoic acid. Some typical 

figures are given below, concentration being expressed in mol dm~* and 

conductivity in ohm=! cm=! x 10°. 

0.1 1 2 3 Concentration 0.0001 0.001 0.01 

KCl O.O1SH O12 1:2 129 98:2— 185.25 264.9 

Conduc-| Etha- 
tivity noic 

acid 

0.0107 0.041 0.143 0.46 1.32 1.60 1.62 

Using mol m~? units the given concentration figures would have to be 
multiplied by 10°; using Q-! m=? units the 
given conductivity figures would have to be 

multiplied by 107. 
For equal concentrations the differences 

between the two sets of figures is so marked 

that plotting the figures for each type of sub- 

stance on conductivity-concentration graphs 

of the same scale is well nigh impossible. 

Those substances with high conductivities 

CONDUCTIVITY —> 

— CONCENTRATION —> 

Fic. 130. Thegeneral shape of 
aconductivity-concentration 
curve for both weak and 
strongelectrolytes. Thecurves 
for both types of electrolyte 
show a maximum, but it is 
well nigh impossible to plot 
both types of curve on the 
same scale. If judged on the 
same scale, the curve for a 
strong electrolyte lies well 
above that for a weak elec- 
trolyte. 

are known as strong electrolytes; they include 

most mineral acids, alkalis and most salts. Sub- 

stances with comparatively small conductivi- 

ties are known as weak electrolytes; they 

include most organic bases and acids. There is 

- no absolutely sharp line of demarcation be- 

tween strong and weak electrolytes, for a few 

substances exhibit intermediate behaviour, 

but the distinction does play a very large part 

in considerations of ionic theory, as will be 

seen. 
As a solution gets.more and more concen- 
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trated there are more and more solute particles in a given volume of the 

solution. Because it is the solute that causes electrical conductivity (pure 
water and other solvents are very poor conductors) it_might, on this 
account, be expected that conductivity would rise with increasing concen- 
tration, and, at first, for dilute solutions, it does so. At higher concentra- 

tions, however, the conductivity reaches a maximum and then begins to 

fall, and some-factor other than the increase in the number of solute par- 

ticles on increasing concentration must enter in. 

The 
aximum in the conductivity—concentration curves is due to the composite 

| Increasing | Increasing 
= concentration = concentration 
S = - - 

> , Fe Decreasing 
S De ae of. Ss ionic “freedom” 

we (increasing 
| etUSeto8 | interference) 

— CONCENTRATION —>- — CONCENTRATION — 
(@) Weak electrolyte (5) Strong electrolyte 

Fic. 131. The composite factors which give rise to the maxima in 
conductivity-concentration curves for (a) weak, and (6) strong electrolytes. 

effect of an increase in the total number of solute particles and a decrease in 
the degree of ionisation. As the concentration increases, there are more 
molecules but a lower proportion of them split up into ions (Fig. 131). 

s. A strong 
electrolyte is.fully, or almost fully, ionised at all concentrations. At high 
concentrations, however, the ions will interfere with each other so that their 
freedom of movement and their speed are restricted. As a solution gets 
more concentrated, the ionic interference increases and the ionic speed 
decreases. For a strong electrolyte, then, increasing. concentration gives 
more ions, in a fixed volume of solution, but the ions that are present 
interfere with each other, which gives lower ionic speeds (Fig. 131). 

Both the change in the degree of ionisation for a weak electrolyte and 
the change in ionic interference for a strong electrolyte can be investigated 
by making use of the conception of molar conductivity. 

8. Molar and equivalent conductivity. Comparison of the conductivities of, 
say, 1M and 0.1M acid solutions is not a fair comparison for M acid 
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contains 1 mol of acid per cubic decimetre whereas 0.1M acid only con- 
tains 0.1 mol. To compare them on equal terms, volumes of solutions 
containing equal amounts of solute ought to be considered, and this is done 

by comparing molar conductivities instead of conductivities. 

prea pe ene is Sed Rr anteqian | ie trolytic cand vs) 

i QL RA LA u ) ee 

Molar conductivity (A) = Eietobtic conductivity 6) 

The symbol A, is used to denote the molar conductivity of a solution at a 

concentration c. 

In basic SI units concentration is expressed in mol m=? and electrolytic 

conductivity in Q-' m=! giving Q-! m? mol=! units for molar conductivity. 
If concentration is expressed in mol cm~* units and conductivity in 
Q-1 cm~! units then the units of molar conductivity are Q-1 cm? mol™’. 

The use of equivalent conductivities has some advantages over the use of 
molar conductivities, but the decline in the usage of the concept of equivalents 
has led to a preference for molar conductivity over equivalent conductivity. 

The use of the word ‘molar’ is, however, not strictly correct. In the SI system 
of units, ‘molar’ means ‘divided by amount of substance’, but in the term molar 
conductivity it means ‘divided by concentration’. 

ume. When the relative molecular mass of a solute is equal to its equivalent 
mass there is no numerical difference between the molar and equivalent con- 
ductivities. 

9. Variation of molar conductivity with concentration. The following figures 

illustrate the general way in which molar conductivity values vary with 

concentration; the molar conductivities are expressed in Q-* cm? mol7* 

and the concentrations in mol dm~*. 

Concentration 0.0001 0.001 0.01 0.1 1 2 3 

KCl 129:leri27.3 122.4 112.0 98.3. 92.6 88.3 

A, 
Ethanoic | 

acid 107.0 41.0 14.3 4.6 1.32 0.80 0.54 

Using mol m=? units the given concentrations have to be multiplied by 
10°; using mol cm=? units the multiplication factor is 1| 0-3. To convert the 

A, values from 2-1 cm? mol ~! units into Q-! m? mol~* units it is necessary 

to multiply by 10~*. 

The figures are best summarised, graphically, by plotting the molar 

conductivity against the reciprocal of the concentration (sometimes referred 

to as the dilution of the solution) or against the square root of the concen- 

tration, and this is done in Figs. 132 and 133. 
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It will be seen that the effect of increasing concentration on the molar 
conductivity of a solution of a strong electrolyte is rather different than for 

a weak electrolyte. For a strong electrolyte, A values approach a maximum 

eee ete Strong 
electrolyte 

Weak 
electrolyte 

MOLAR CONDUCTIVITY ——>- 

— CONCENTRATION ~!——> 

Fic. 132. The general shape of molar conductivity-(concentration)-! curves for 
strong and weak electrolytes. That for a strong electrolyte reaches a maximum 
at low concentrations, and the Ay value can be obtained by extrapolation from 
the experimental curve. That for a weak electrolyte would, theoretically, reach 
a maximum at a low concentration, but readings cannot be obtained, 
experimentally, at such low concentrations. i 

Strong 
electrolyte 

= - 
=~ 

Weak 
electrolyte 

— MOLAR CONDUCTIVITY —> 

— {CONCENTRATION —> 

Fic. 133, The general shape of molar conductivity-(concentration)? curves for 
strong and weak electrolytes. A, values for strong electrolytes can readily be obtained from such curves by extrapolation, but this cannot be done for 
weak electrolytes, 

‘value at low concentrations. For a weak electrolyte, A values also reach a 
maximum at low enough concentrations, but the concentration may be so 
low that it is impossible to measure the resulting low conductivity. 



Ionic theory and conductivity 369 

The maximum value for the molar conductivity of an electrolyte, reached 
; 3 is | juctivi - 

tration; it is symbolised by Ao. It may also be known as the molar con- 

ductivity at infinite dilution and be symbolised by Ao. Its numerical value, 

for a strong electrolyte, is best obtained by extrapolation from the molar 

conductivity—(concentration)* graph, which, at low concentrations is 

almost a straight line. Numerical values of A) for a weak electrolytes 

cannot be obtained in the same way. They must be obtained indirectly, as 

described in the following section. 

10. Kohlrausch’s law. Measurement of A, for a weak electrolyte. Kohlrausch, 

who did much of the early experimental work on measuring the conduc- 

tivities of solutions, noticed that the difference between the Ao values for 

two salts, which were strong electrolytes, having the same anion or the 

same_cation, was always constant, For example, using 4 values in Q-* 

cm? mol? 

Ao(NaCl) — Ap(NaNO;) = 3.7 Ag KCl) — Ao(NaCl) = 21.1 

(108.9) (105.2) (130.0) (108.9) 

Ag(KCl) — Ap(KNO3) = 3.7 AX(KNO3) — Ao(NaNO;) = 21.1 

(130.0) (126.3) (126.3) (105.2) 

Such results can be accounted for only by assuming that the Ap value of 

an electrolyte is the sum of two terms, one for the anion and another for 

the cation. These terms are known as the molar conductivities of the ions 

concerned (they were called ionic mobilities by Kohlrausch), and Kohl- -} 

rausch’s Jaw (1876) states that the molar conductivity at zero concentration poll QW 
f ; er l | Eth | eutecGt hewas 

produced by the electrolyte, . 
Thus, 

A,(NaCl) = A(Na*) + A(CI7) AXKCI) = A(Kt) + A(CI~) 

This is why A)(NaX) — Ao(KX), which is equal to A(Na*) — A(K*) is 

independent of the nature of X. 

Once the numerical value of one molar conductivity can be obtained, 

others follow from Ay values. Molar conductivities of ions can be obtained 

from transport number measurements, described on p. 45 8, but our present 

purpose does not require any single value of a molar conductivity of an ion. 

The immediate usefulness of Kohlrausch’s law is that it provides a 

method for finding the Ao value for weak electrolytes from Ao measure- 

ments on strong electrolytes. The Ao value for ethanoic acid (a weak 

electrolyte), for example, can be obtained from the A> values of hydro- 

chloric acid, sodium chloride and sodium ethanoate (all strong electrolytes). 

For 

A(HCl) + 4,(NaEt) — 4(NaCl = A(H*) + A(Et) 

[A(H+) + A(CI)] + [4(Nat) + AE] — [4(Nat) + A(CI)] 
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and 
A(H*) + A(Et~) = A,(HEt) 

Therefore 

A(HEt) = Ao(HCl) + Ao(NaEt) — Ao(NaCl) 

To summarise, Ay values for strong electrolytes can be obtained from 
A-—(concentration)* graphs. Ay values for weak electrolytes can be ob- 
tained by measurement of the A values for selected strong electrolytes. 

11. Reasons for variation of A. with concentration. Any effect on the con- 
ductivity of a solution due simply to dilution lowering the amount of solute 
present is ruled out in considering molar conductivities. At any concentra- 
tion, the figures for A, refer to the same amount of solute between the 
electrodes in a conductivity cell. If the amount of solute is not, then, 
changed, why is it that concentration has any effect at all on equivalent 
conductivity ? The explanation is different for weak and strong electrolytes. 

a. Weak electrolytes. The increase in A. with decreasing concentration for 
a weak electrolyte is due, as first suggested by Arrhenius, to the increase in 
degree of ionisation with decreasing concentration. This produces an 
increasing number of ions as the solution gets more and more dilute until, 
eventually, at zero concentration, even a weak electrolyte is fully ionised, 
and A, reaches the limiting value of Ao. 

Arrhenius took the argument a stage further and suggested that the 

ratio A,/Ao. Values for « obtained in this way from conductivity measure- 
ments were found to be in good agreement with the « values obtainable 
from vapour pressure, freezing point, boiling point and osmotic pressure 
measurements (p. 276), and this provided very firm evidence in favour of the 
ionic theory. ; 

« is a ratio of two molar conductivity values and has no units. The 
same value for « will be obtained irrespective of the units used for molar 
conductivity (Q-! cm? mol! or Q> m? mol") so long as the same units 
are used for both the A, and the A, values. 

b. Strong electrolytes. Arrhenius assumed that the explanation given for 
weak electrolytes also applied for strong electrolytes, but this cannot be so 
as it is now known that strong electrolytes are fully ionised, or almost so, 
at any concentration and, often, in the solid state. 

In a solution of a weak electrolyte, conductivity depends almost entirely 
on the total number of ions present, for there is little ionic interference and 
the velocities of the ions are reasonably constant at all concentrations. 

This is not so in a solution of a strong electrolyte. Here, the ionic inter- 
ference between the large number of ions present is considerable and has a 
large effect on the velocities of the ions. Thus, although there may be a 
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large number of ions present, they are not entirely free to play their full 

part in the conduction of electricity, or in other chemical effects. 

Asa solution is diluted, the ionic interference diminishes and the change 

in A, with concentration for a strong electrolyte is due to this decrease in 

ionic interference. The A,-(concentration)~! curve is, essentially, an ionic 

interference-(concentration)~1 curve. At zero concentration, ionic interfer- 

ence is negligible, and A, reaches its limiting value of Ao. 

The ratio A,/Ay for a strong electrolyte is almost equal to the « values 

obtained for strong electrolytes from vapour pressure, freezing point, 

boiling point and osmotic pressure measurements. But the agreement, such 

as it is, is of little significance, for the whole conception of the degree of 

ionisation for a strong electrolyte has little meaning, for the degree is 

always approximately 1 or 100 per cent. 
trolyte is, therefore, called the apparent 

ionisati tter, t nductance ratio. - ge Se 
Attempts have been made, notably by Debye and Hiickel, to treat iofi¢ 

interference quantitatively, and some success has been achieved. Further 

details are given on p. 377. 

QUESTIONS ON CHAPTER 33 

1. What are the essential differences between a sodium atom and a sodium 

ion? 
2. What is meant by the term cell constant, and for what purpose is a cell 

constant used ? (a) The resistivity of M/50 potassium chloride solution is 361 2 cm, 

and a conductivity cell containing such a solution was found to have a resistance 

of 550 Q. What is the cell constant? (b) The same cell filled with M/10 zinc 

sulphate(v1) solution had a resistance of 72 2. What is the conductivity of M/10 

zinc sulphate(v1) solution? 

3. A conductivity cell with electrodes 2 cm? in area and 1 cm apart has a 

resistance of 7.25 ohm when filled with 5 per cent potassium chloride solution. 

What is (a) the cell constant, (5) the conductivity of the potassium chloride 

solution? If the cell was filled with M/50 potassium chloride, with a resistivity 

of 361 Q cm, what would the cell resistance be? 

4. What would be the resistance of a conductivity cell with electrodes of cross- 

sectional area 4 cm? and 2 cm apart when the cell is filled with pure water of 

conductivity 0.8 x 10-* ohm~? cm~!? What current would flow through the 

cell under an applied potential difference of 10 volt? 

5. What is meant by the term conductivity of a solution? How can con- 

ductivity be measured? How does it vary with the concentration of a solution, 

and how is the variation accounted for in terms of the ionic theory? 

6. Using the data given on p. 365, plot the conductivity of (a) potassium 

chloride, (6) ethanoic acid against concentration. 

7. If the conductivity of sulphuric(v1) acid in M/2000 solution is x what is 

(a) the resistivity, (b) the equivalent conductivity, and (c) the molar conductivity
 ? 

8. Why was the conception of molar conductivity introduced when that of 

conductivity was already established? How can the molar conductivity of 

M/100 ethanoic acid be measured? 

9. Using the figures given on p. 367, plot the molar conductivity of (a) potas- 
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sium chloride, (6) ethanoic acid against (i) the reciprocal! of concentration and (ii) 
the square root of concentration. From your graphs read off the 4, value for pot- 
assium chloride and the conductance ratio in M/50 potassium chloride solution. 

10. If the current carrying capacity of ions in a solution depends on their total 
number and their speed, how would you expect the conductivity of (a) ethanoic 
acid, (6) sodium chloride to vary with (i) the dilution of the solution, (ii) tem- 
perature? 

11. How did Arrhenius account for the change in the molar conductivity of an 
electrolyte with dilution, and how have his ideas had to be modified ? 

12. Explain, briefly, how the degree of ionisation of a weak electrolyte might be 
obtained by measurements of (a) osmotic pressure, (b) freezing point, (c) boiling 
point, (d) vapour pressure, and (e) conductivity. 

13. Calculate the Ay values for (a) methanoic acid, (6) ammonia solution from 
the A, values given below: 

NaCl = 113 NH,Cl = 134.1 
NaOH = 225.2 Na methanoate = 101.2 HC] = 397.8 

14. What would you write to convince a fifth-form boy that the degree of 
ionisation of a weak electrolyte increased as the concentration of its solution got 
less and less? 

15. The conductivity of dichloroethanoic acid at a dilution of 8 dm? is 0.0238 
Q-1cm7!. The A, value for this acid is 385. Calculate the degree of ionisation 
at a dilution of 8 dm’. 

16. The molar conductivities of Na+, K+ and Cl~ ions are 43.4, 64.6 and 65.5 
respectively. What approximate raio of sodium chloride and potassium chloride 
is required to give a solution with a Ay value of (i) 119.5, (ii) 124.82 

17. If the conductivity of an M solution of sodium chloride is x Q-! cm — 
what is (a) the conductivity of the solution in Q-' m~ (6) the molar conduct- 
ivity of the solution in Q-' cm? mol-! and (c) the molar conductivity of the sol- 
ution in Q-' m? mol“? 

18. What are the advantages and disadvantages of expressing molar conduct- 
ivities of solutions in (a) Q-' cm? mol" units, and (6) Q-! m? mol“ units? 

19, Express the data given in the tables on pages 375 and 377 in concentrat- 
ion units of mol m~, conductivity units of Q-' m~ and molar conductivity 
units of Q-! m? mol. 

20. What is the relationship between the molar and equivalent conductivities 
of solutions of (a) sodium chloride, (6) sulphuric acid, (c) potassium hydroxide, 
and (d) calcium hydroxide? 
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Ostwald’s dilution law 

1. Derivation of law. The partial ionisation of molecules into ions produces 

an equilibrium mixture of ions and molecules, which, for a binary electro- 

lyte, AB, can be represented as 

AB => At + B- 
isa) ol M 

Ostwald applied the idea of the law of equilibrium (p. 309) to this equili- 

brium, in 1888, and arrived at an important relationship known as 

Ostwald’s Dilution Law. 
If the original concentration of AB in a solution is c mol dm~* and if 

the degree of ionisation is «, the concentrations of AB, A+ and B™~ (in 

mol dm~?) at equilibrium will be 

AB =z=At+B~ 
c(1 — «) ce ce 

According to the equilibrium law 

’ {A*[B7] _ ¢ 
<= TABy 

and, therefore, 
(ca)(ca) co 

cai—a XH 
If « is small as compared with 1, i.e. for a weak electrolyte in a solution 

where the degree of ionisation is low, (1 — «) will be approximately equal 

to 1 so that 

ca? = K or ax ES 

These two relationships, the first accurate and the second an approxima- 

tion, are expressions of Ostwald’s dilution law. i 
l 

K, which is the equilibrium constant for the reaction 

AB = At + B- 
e 

is known as the dissociation or ionisation constant of AB. If c is expressed 

in mol dm-? units K is also in these units. 

2. Validity of Ostwald’s dilution law. The validity of Ostwald’s dilution law 

can be tested by measuring « values at various concentrations, and by 

seeing whether they fit the theoretically obtained expression. If the « values 

are obtained from conductivity measurements, i.e. from A-/Ao values, 

the accurate expression of Ostwald’s dilution law becomes 

DORA 9 a eae 92 x 
(= A.[Ao) — “Ao(Ao = Ae) 
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In testing this expression for ethanoic acid, a weak electrolyte, the 

following results are obtained: 

c/mol dm-* 0.253 0.0316 0.001 98 

7 0.00838 | 0.0239 0.092 

K x 10°/moldm-4) * 1,405 1.759 1.846 1.841 

It will be seen that the value of K is reasonably constant when c is small, 

i.e. in dilute solutions. Variations in the value of K in more concentrated 

solutions is attributed to some ionic interference of the type found more 

noticeably with strong electrolytes. As a wide approximation, Qstwald’s 

This is far from so, however, for strong electrolytes. Taking potassium 

chloride as a typical example, and using A,/Ap values as being equal to «, 

the results obtained are 

c/mol dm=3 1 0.2 0.02 0.001 

Oe 0.7565 0.8310 0.9234 0.9802 0.9936 

K/mol dm~-$ 2.350 0.8154 0.2221 0.048 5 0.0154 

There is no constancy at all about the values of K, and Ostwald’s dilution law 
does not hold for strong electrolytes, because the ionic interference is so high. 

This failure of Ostwald’s dilution law, as applied to strong electrolytes, 
was a severe stumbling block in the historical development of the ionic 
theory. Originally it could not be explained, and it became known as the 
anomaly of strong electrolytes. Pending any theoretical treatment, many 
empirical formulae were devised to try to fit the experimental variation of 
A, with concentration for a strong electrolyte. Kohlrausch suggested, 

Ay — A, = aconstant x Vc : 

and this holds reasonably well at low concentrations (see Fig. 133). 
Eventually the distinction between weak and strong electrolytes became 

clearer and the idea of ionic interference was introduced to account for the 
behaviour of strong electrolytes (see section 6). 

3. Dissociation constants for weak monobasic acids. Ostwald’s dilution law 
only holds for weak electrolytes in dilute solution, but, within these limita- 
tions, it is extremely valuable. Its importance lies in the fact that it relates 
the degree of ionisation of a weak electrolyte, which is variable, with the 
dissociation constant of the electrolyte, which, at a definite temperature, is 
fixed. The law relates three quantities, «, c and K, and if any two of these 
are known the third is easily calculated. 
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Such calculations are particularly common in relation to aqueous solu- 

tions of weak acids. The degree of ionisation of a weak acid in a solution of 

known concentration can be measured by conductivity and other methods 

(p. 276), and, from such measurements, the dissociation constant of the 

acid (or the acidity constant) can be obtained. Some typical values for 

weak, monobasic acids are given below in Se dm-? 

Methanoic acid 2.1 x 107 Benzénol Gets 10; 
Ethanoic acid 1.8 x 1075 Chloric(1) acid 9.6 x 1077 

Chidroéthanoic acid 1.55 x 10-3 Hydrocyanic acid 7.2 x 10-% 
Benzenecarboxylic acid 6.7 x 10-° Nitric(m) acid 5 x 10~ 

Acids with high dissociation constants are stronger than those with low __ 
ones. At the same concentration, an acid with a higher dissociation constant 

will have a higher degree of ionisation, i.e. it will ionise to give a higher 

concentration of H+ ions. The calculation of the degree of ionisation of a 

weak acid, and the resulting H* ion concentration, in a solution of the 

weak acid is very common, as in the following examples: . 

a. M/10. ethanoic acid. The dissociation constant of ethanoic acid is 

1.8 x 10-5 mol dm~%. In M/10 solution, the concentration is 0.1 mol 
dm~?. Using the approximate form of Ostwald’s dilveon law, 

a? = 10 x 1.8 x 10-5 Kos aa 

= V1.8 x 10-4 = 1.34 «x 107? 

The degree of dissociation of ethanoic acid in M/10 solution is, therefore, 

1.34 x 10? or 1.34 per cent. 

Complete ionisation of ethanoic acid, at a concentration of 0.1 mol dm-? 

would give 0.1 mol dm~? of H* ion. Ionisation of a fraction, 0.0134, of the 

ethanoic acid would give a H+ ion concentration of 0.1 x 0.0134, i.e. 

0.00134 mol dm~-3. This is, therefore, the concentration of H* ion in 

M/10 ethanoic acid. 

Notice that the approximate form of Ostwald’s dilution law has been 

used in this calculation because the « value is small as compared with 1. 

b. M/1000 ethanoic acid. Here, c is 0.001 so that 
a? = 1000 x 1:8 x 107° 

“a2 V1.8 x 107? = 0.134 

The degree of ionisation in M/1000 ethanoic acid is, therefore, approx- 

imately 0.134 or 13.4 per cent, and the resulting H + ion concentration is 

_%.001 x 0.134 or 0.000134 mol dm~?. 

The « value in this example is not very small and the use of the approxi- 

mate form of Ostwald’s dilution law is inaccurate. Using the accurate form 

a? = 1000 x 1.8 x 10-*(1 — «) 

or o? + (1.8 x 10-7)« — (1.8 x 10-7) = 0 

which gives a value of 0.125 for «. 
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4. Dissociation constants for weak polybasic ” acl Polybasic acids ionise in 
stages and have more than one dissociation constant. Carbonic acid, which is 

represented as follows 

B00 9 Fe NCO state HE HCO;- == CO,*- + Ht 

— (87) _ [HCO37] _ -7 _{Ht1. (CO# 7 -11 
Me CO Aa (COs | 6 x 10 
Some other typical vaiues for dissociation constants of polybasic acids are 

given below in mol dm~?: 

Phosphoric(v) acid, K, = 1.1 x 10-? Sulphuric(1v) acid, K, = 1, 2 ele * 
Ko 2 Sh Ont Kote lee. 
K; = 3.6 X 10-1 Hydrogen sulphide, K, = 9 x 107° 

K, = ex 10> 

For many inorganic oxy-acids it is a fairly general rule that the successive dis- 
sociation constants, Ki, K,, K3...are in the approximate ratio of 1:107°: 
10- A 

5. Dissociation constants for weak bases. Just as there are weak and strong 

acids, so there are weak and strong bases. Strong bases, such as potassium 

and sodium hydroxide, are fully ionised in solution, and Ostwald’s law 

does not apply to them. It does, however, apply to solutions of weak bases. 

The degree of ionisation of a weak base in a solution of known con- 

centration can be measured by conductivity or other methods, and the dis- 

sociation constant of the base can be obtained from the results. Some 

typical values are given below. The higher the Value, the stronger the base. 

Ammonia 1.8 x 1075 Carbamide 1.5 x 107** 

Phenylamine 4.6 x 107?° Hydrazine 1 x 107° 

From the dissociation constant of a weak base it is a simple matter to 

calculate the degree of ionisation and the corresponding OH™ ion con- 
centration in a solution of any concentration. 

The dissociation constant for ammonia in aqueous solution, for example, 
is 1.8 x 10-* mol dm~-*. In M/10 solution, therefore, 

C= OLauRexal Om 

= V1.8 1077 = 1.342% 10=? 

The degree of ionisation in M/10 ammonia solution is, therefore, 
1.342 x 107? or 1.342 per cent. 
Complete ionisation into OH™ ions at a concentration of 0.1 mol dm=3 

would give 0.1 mol dm~* of OH~ 

NH; + H,0 —-> NH,* + OH- 

Ionisation of a fraction 0.01342 would give an OH- ion concentration of 
0.1 x 0.01342, i.e. 0.001342 mol dm~°. This is, therefore, the concentra- 
tion of OH~ ions in M/10 aqueous ammonia. 
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6. The anomaly of strong electrolytes. Ionic interference. The theoretical] 

treatment of ionic interference, undertaken originally by Debye and 

Hiickel, is based on the idea that the electrical attraction between positive 

and negative ions in a solution prevents the ions acting as entirely isolated, 

Single particles, except in very dilute solutions, 
In an ionic crystal, a positive ion is surrounded by negative ions, and 

vice versa (p. 170). Debye and Hiickel suggested that, in a solution, a 

positive ion is surrounded by an ionic atmosphere of negative ions, whilst 

a negative ion is surrounded by an ionic atmosphere of positive ions. 

Ionisation is complete, in so far as there are no individual molecules, or 

only very few, of a strong electrolyte in a solution, and in so far as the 

attractive forces between ions in a solution are not so strong as they are in 

an ionic crystal. But random distribution of ions throughout a solution is 

not complete. 

The chemical functioning, and the freedom of movement, of any ion 

surrounded by an ionic atmosphere with opposite charge, will clearly be . 

different from that of a free ion. So far as motion under an applied e.m-f., 

i.e. conductivity, is concerned, two electrical effects will be important. 

First, a positive ion moving towards the cathode will tend to drag its _ 

ionic atmosphere with it. This will result in an asymmetric ionic atmo- 

sphere. with fewer negative ions in front of the positive ion, and more be- 
hind. Such an asymmetric ionic atmosphere will exert a retarding force on 

the positive ion and reduce its velocity. 
Secondly, a negative ionic atmosphere will, as a whole, move towards the 

anode, so that the central positive ion will, in effect, be “moving against the 

stream’. 

Debye, Hiickel and Onsager treated such considerations mathematically and 
derived what is generally known as the Onsager equation. As applied to an 
electrolyte giving two univalent ions, the equation is 

82.48" 8.20’ x 10° x Ap a 
‘evar t (DTY? \ ve (4) — A. 

where 7 is the viscosity of the medium, D is its dielectric constant, T the absolute 
temperature, and c the concentration. 

Such an equation gives some idea of the complexity of the matter. The Onsager 
equation, nevertheless, provides good agreement with experimental data, so long 
as the solutions considered are dilute enough. The equation, in fact, is of the same 
general type as the empirical equation put forward by Kohlrausch (p 374). 

Further support for the Debye—Hiickel-Cnsager treatment is proved by the 
fact that the conductivity of a solution increases if very high frequency a.c. of 
about 3 x 10° Hz, or very high field strengths of about 10° volt cm~’, are used. 
The ionic atmosphere cannot ‘follow’ the rapidly changing a.c. field, and the very 
high field strength gives ionic velocities which leave the ionic atmosphere com- 
pletely behind. 

The theory does not, however, account at all quantitatively for the experimental 
results from concentrated solutions of strong electrolytes. An alternative ap- 
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proach, due mainly to Bjerrum, replaces the idea of ionic atmosphere by one in 
which two oppositely charged ions associate in solution to form an ion-pair. 

Whilst, therefore, the general idea of ionic interference accounts 

qualitatively, and to some extent quantitatively, for the experimental 

results, the anomaly of strong electrolytes is very far from fully resolved. 

7. Activity coefficients. Ostwald’s dilution law is derived by applying the law of 
equilibrium to an equilibrium involving ionisation, e.g., 

AB =~ At +B- 

In the simple derivation, the concentrations of AB, A+ and B~ in mol dm-? 
are used, but, as has been seen, such a treatment gives an expression which does 
not hold for strong electrolytes. 

The statement of the law of mass action says that it is the active masses of the 
chemicals concerned which should be considered, and active mass is not equal to 
concentration when ionic interference enters in. Instead 

Active mass = Concentration x Activity coefficient 

The more accurate expression for the dissociation constant of AB is, therefore, 
given by 

x — UAT x fat) x (B71 x fo") 
({AB] X fas) 

wheref,*, fg~ and fz are the activity coefficients of A*, B~ and AB respectively. 
In very dilute solutions, where ionic interference is negligible, activity coeffi- 

cients are approximately equal to 1 so that the simple derivation of the Ostwald 
dilution law (p. 373) holds. 

It is not possible to measure experimentally the activity coefficient of an in- 
dividual ion, but the mean coefficient of an electrolyte, taken, for a binary 
electrolyte, as the square root of the product of the individual ionic activities, can 
can be measured, but the details are beyond the scope of this book. 

Experimental measurements show, however, that the mean activity coefficient 
for all strong electrolytes containing only univalent ions is approximately 0.80 in 
M/10 solution, 0.90 in M/100 solution and 0.96 in M/1000 solution. In more 
dilute solution, the mean activity coefficient approaches 1. 

QUESTIONS ON CHAPTER 34 

1, The molar conductivity of an M/32 solution of a weak acid is 9.2 Q-1 cm? 
mol~*. If the molar conductivity at zero concentration is 389 Q-1 cm? mol~}, 
what is the dissociation constant of the acid? 

2. The dissociation constant of ethanoic acid is 1.8 x 10-5 mol dm~3. Calculate 
the values of the degree of ionisation at dilutions of 10, 100, 1000, 10000 and 
100000 dm’, and plot the degree of ionisation against the dilution. 

3. The dissociation constant of benzenecarboxylic acid is 6.7 X 10-5 mol 
dm~*. What are the concentrations of the solutions, in mol dm~?, in which ben- 
zenecarboxylic acid is (a) 10 per cent, (6) 25 per cent, (c) 50 per cent, and (d) 90 
per cent ionised ? 

4. The molar conductivities of ethanoic acid in various solutions (V is the 
volume containing 1 mol of solute) are given below: 

Vidm? 13.57 54.28 434.2 1737 6948 co 
Ao/Q-* cm? mol! 6.09 12.09 33.22 63.60 116.8 387.9 
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Do these figures agree with Ostwald’s dilution law? What conclusion would 
he sae from the figures as to the value of the dissociation constant of ethanoic 
acid? 

5. On what basic principles is the derivation of Ostwald’s law, and its testing 
by the use of /,/A, values, based? Which principle is it that is false so far a 
strong electrolytes are concerned? 

6. The dissociation constant for ammonia in aqueous solution is 1.99 x 1075 
mol dm~%, What is the concentration of OH™ ions in an 0.01M solution? 

7. The dissociation constant of methanoic acid is 2.1 x 10-* mol dm~?. 
Using the relationship ca? = K, calculate the percentage degree of ionisation 
of methanoic acid in 0.00001M solution. Why is the answer you get absurd? 
What is the correct answer? 

8. A dibasic acid has two dissociation constants, usually written as K, and K> 
and referred to as the primary and secondary dissociation constants. For car - 
bonic acid, for instance, K, is 3 x 10-7 and K2 is 6 x 10-*4 mol dm~*. Why is 
K, usually bigger than K,? 

9. Compare the OH™ ion concentration in M/100, M/1000, M/10000 and 
M/100000 solutions of (i) ammonia solution, (ii) potassium hydroxide. The 
dissociation constant of ammonia is 1.99 x 10-> mol dm~°; potassium hydroxide 
may be regarded as fully ionised. 

10. Applying the law of mass action to the ionic equilibrium show how the 
(equivalent) electrical conductivity of dilute ethanoic acid varies with its con- 
centration. State, very briefly, how the conductivity of dilute hydrochloric acid 
depends on concentration, and how it is affected, qualitatively, by temperature. 
Although dilute ethanoic acid smells of ethanoic acid, dilute hydrochloric, in 
contrast to the concentrated acid, has no smell whatever. Why is this so? (B.) 

11. Define molar conductivity of a solution of an electrolyte. The molar 
conductance of a solution of ethanoic acid containing 0.03 mol dm~? is 8.50 
units at 18°C, and 14.7 units at 100°C. The molar conductivity of ethanoic acid 
at zero concentration at 18°C is 347 units and at 100°C is 773 units. Calculate 
(a) the degree of dissociation of ethanoic acid at 18°C and 100°C when the con- 
centration is 0.03 mol dm~, and (6) the dissociation constants of ethanoic acid 
at these two temperatures. From your results deduce whether the dissociation 
of ethanoic acid is exothermic or endothermic. (C. Schol.) 

12. Describe the experiments you would make in order to determine the 
relation between the degree of dilution of a solution of ethanoic acid and its 
molar conductivity. How are the results of such experiments explained? The 
molar conductivity of ethanoic acid at zero concentration is 388 Q-*cm? mol~?. 
The molar conductivity of a solution containing 0.3 g of ethanoic acid in 50 cm? 

of water is 4.6 Q-1 cm? mol~. Calculate the freezing point of this solution. (A 

solution containing 34.2 g of cane sugar, C12H22011, in 100 g of water freezes at 

—1.85°C.) (C. Schol.) 
13. What do you understand by (a) the law of mass action, (5) an equilibrium 

constant? If the dissociation constant for ethanoic acid at 18°C is 1.8 x 10-5 

mol dm~3, calculate the concentration of hydrogen ions in decinormal solutions 

of ethanoic acid at 18°C. 
14. Derive the mathematical expression for Ostwald’s dilution law for an 

electrolyte, one molecule of which ionises to give n cations and m anions. 

15. The conductivity of a 0.05M solution of ethanoic acid is 4.4 x 10-* 

Q-1! cm-!. The molar conductivities of H*+ and Et~ ions are 310 and 77 Q7? 

cm~ respectively. Calculate the ionisation constant of ethanoic acid. 
16. What is meant by (a) the conductivity, (6) the molar conductivity, and 

(c) the equivalent conductivity of a solution of an electrolyte. 
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The molar conductivity of a 0.031 25M solution of a weak monobasic acid is 
9.2. At zero concentration the value is 389. Calculate the ionisation constant of 
the acid. 

17. The degree of ionisation of propanoic acid in 0.1M solution is 0.011 33. 
What would the degree of ionisation be, under the same conditions, in 0.01M 
solution? 

18. Why is the value of the ionisation constant of hydrofluoric acid low 
(6 x 10~*) whilst that of hydrochloric acid is very high? 

19. What is meant by saying that the K, value for the Al(H,O),3* ion is 
1 x 10-5? 

20. A glass tube closed at each end by a platinum black electrode contains 
hydrochloric acid. Explain, giving your reasons, how the electrical resistance of 
this cell changes if (a) the concentration of hydrochloric acid is doubled, (6) the 
distance between the electrodes is halved, (c) the temperature is changed. 
How is the molar conductivity of a solution obtained from conductivity 

measurements, and how does it vary with concentration? What is the significance 
of the value of the molar conductivity at zero concentration and how is this value 
obtained for ethanoic acid? ; 

21. Look up the values of the ionisation constants of methanoic, ethanoic, 
propanoic, and butanoic acids. Comment on the values. Do likewise for the 
halogenated ethanoic acids. 
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Solubility product 

1. Meaning of solubility product. In_a_saturated solution of a sparingly 

soluble electrolyte, such as silver chloride, simultaneous equilibria will be 

set up between undissolved solid, dissolved (but unionised) silver chloride, 
and free silver and chloride ions, 

AgCl — AgCl —= Agt(aq) + Cl-(aq) 

(Undissolved solid) (Dissolved, but (ions in solution) 
unionised) 

Applying the law of equilibrium (p. 309), it follows that 

[Ag* [C17] 
[AgCl] 

y ) 

but, ina saturated solution, ee Sebo 

so that 

=K 

[Ag*][Cl-]=a aoieane K,(AgCl) 

The constant, K,(AgCl), is known as the solubilit# product of silver 

chloride. It is equal to 1 x 10~*° (p. 386) and the units are mol? dm~° if 
the ionic concentrations are expressed in mol dm-°. 

In general, for an electrolyte, A,B,, ionising as follows, 

A.B, =— XxA* + yB- 

the solubility product is given by 

where [A+] and [B~] are the ionic concentrations in a saturated solution. 

It must be emphasised that the conception of solubility product is only 

accurately valid if the active masses (p. 307) of the ions concerned are used, 

but for dilute solutions, i.e. solutions of sparingly soluble electrolytes, 

accurate results can be obtained by using ionic concentrations expressed 

in mol dm~*. Moreover, the general qualitative idea is applicable to more 

concentrated solutions. 
The main use of solubility products is concerned with the conditions _ 

under which an electrolyte will dissolve, or will come out of solution as a_ 

solid, i.e. form a precipitate. It is important to remember that, for an 

electrolyte, AB, with K,(AB) equal to [A*][B7], 

i a solution in which [A*][B™] is Jess than n K,(AB) is not saturated, and 

more / AB can be dissolved in it; 
ii a solution in which [A*][B~] is equal to K,(AB) is saturated, and 

iii if anything be done to a solution which 1 tends to make [A*][B~] greater 
than K,(AB) then solid. AB will be precipitated. Evaporation of a 

tions of the ions present: As a vesult, solid is deposited. 
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2. The common ion effect. The equilibrium existing in a solution of an 

electrolyte, AB, 

; AB = At +B- 

will be affected by addition of either more A* or more B~ ions, and changes 

brought about in such a way are known as common ion effects. 

a. Precipitation of silver ethanoate. The equilibrium in a saturated solution 
of silver ethanoate is , 

AgEt == Ag? + Et~ 

Addition of concentrated solutions of either silver nitrate (Ag* ions) or 
sodium ethanoate (Et~ ions) precipitates silver ethanoate. 

b. Purification of common salt. Sodium chloride, as obtained from natural 

sources, is usually contaminated with small amounts of calcium and 

magnesium chlorides. Both these impurities are deliquescent, and they must 

be removed in the manufacture of free-running table salt. 

This can be done by passing hydrogen chloride gas into a saturated 

solution of the impure sodium chloride. This addition of chloride ions pre- 
cipitates sodium chloride, but calcium and magnesium chloride impurities 
remain in solution as the solution is not saturated so far as they are 
concerned. 

Because sodium chloride is not sparingly soluble the argument cannot be 
applied quantitatively. Moreover, the use of water in hydration of the H+ 
ions on adding the hydrogen chloride will lead to an increase in ionic 
concentrations of Na* and Cl- ions. 

c. Salting out of soap. In the manufacture of soap, taken, for simplicity, 
as being pure sodium octodecanoate (stearate), a solution of common salt - 
is added to the solution of sodium octodecanoate to obtain the solid soap. 

Addition of Na* ions, from the common salt, increases the value of 
[Na*][Oc~] in the solution until it eventually reaches K,(NaOc). Further 
addition of Na* ions precipitates sodium stearate. 

The process is known as the salting out of soap. Again, it is doubtful 
whether the process can be explained solely in terms of solubility product. 
Some of the sodium octodecanoate is in colloidal solution (p. 507) and 
addition of common salt will coagulate it, and hydration of Na* ions 
enters in as in b. 

3. Solubility product and analysis. There are some important analytical 
examples of the application of the solubility product principle. 

a. Precipitation of hydroxides in Group 3. In Group 3 of the routine 
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analytical scheme widely used, iron(@m), aluminium or chromium(m) 

hydroxides may be precipitated by using a.mixture_of_solid_ammonium 

chloride and ammonia solution as the precipitating reagent. Use of 

ammonia solution by itself, or sodium hydroxide solution, could cause 

precipitation of the hydroxides of manganese(m), nickel(11), cobalt(1), zinc, 
magnesium and calcium. 

In order to limit the precipitation to iron(m), aluminium and chro- 

mium(im) hydroxides, sufficient OH~ ion must be added to exceed their 

solubility products, which are relatively low, but the amount of OH™ ion 

added must not be big enough to exceed the higher solubility products of 

the other hydroxides listed below. 

Zn(OH), 1 x 10-?” 
Co(OH), 2 x 10-% 

Fe(OH); 1 x 10-38 Fe(OH), 1 x 10- 
A\(OH); 1 x 10-33 Mn(OH), 1 x 10-4 
Cr(OH),; 1 x 10-%° Ni(OH), 1 x 10-4 

Mg(OH), 6 x 107 
Ca(OH), 8 x 10-° 

Low solubility products. High solubility products. 
Precipitated in presence Not precipitated in pre- 

of NH,Cl sence of NH,Cl 

Use of ammonia solution alone would give too high a concentration 

of OH~ ions, 

NH;(g) + H,0() == NH,*(aq) + OH“ (aq) 

but the presence of solid ammonium chloride, i.e. of a high concentration 

of NH,+ ions, -suppresses the ionisation_of the.ammonia-solution-and, in 

this way, limits. the OH=_ion concentration. 

It is interesting to note that iron(m) hydroxide is not precipitated in the 

presence of ammonium chloride. That is why any iron(1) compound 
which might be present is oxidised, after Group 2, to iron(m), by boiling 

with concentrated nitric(v) acid. The resulting iron(m1) compound is 

precipitated as a hydroxide in Group 3. 

ide is the most_likely hydroxide to come down, unwanted, 
as a precipitate in Group 3. It has not got the lowest solubility product of the 
hydroxides which might, wrongly, be precipitated, but the hydroxides of zinc, 
cobalt(m) and_nickel(1), even_if precipitated_initially, are soluble inthe excess 
ammonium hydroxide present (p. 483). A solution containing a high concentra- 

tion of Mn?+ ions will give a precipitate in Group 3 if insufficient ammonium 
chloride_is present, i.e.if the ionisation of the ammonia solution is not sup- 

pressed sufficiently. 

b. Precipitation of sulphides in Groups 2 and 4. The sulphides precipitated 
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in Group 2 have lower solubility products than those precipitated in 

Group 4. The values are given below. 

HeS: 3002102 CoSind sen * 
CuSonsex 10-2 ZaS! Feit 
CdS 09406107? NiS’ 4 x 10-% 
Pos’ 4x 10-" MnS 1.5 x 10-* 

Lower solubility products. Higher solubility products. 

Precipitated in Group 2 Precipitated in Group 4 

A high concentration of S?- ions would precipitate all these sulphides 

from solutions containing the necessary metallic ions, and to limit the 

precipitation to those in the left-hand column the S?~ ion concentration 

must be limited. 

This is achieved by passing hydrogen sulphide into an acidic solution, in 

Group 2. Hydrogen sulphide ionises, 

HS == Ht + HS- HS? == Af+ Ss 

but in the presence of acid, i.e. of H* ions, the ionisation is suppressed so 

that only a limited concentration of S?~ ions is produced. 

To get the concentration of S?~ ions high enough, yet not too high, re- 

quires reasonably careful control of the H* ion concentration before the 

hydrogen suJphide is passed in. That is why analytical schemes suggest that 

the acid concentration after Group 1 should be adjusted to approximately 

0.5M, or give some alternative method for controlling the concentration 

of acid. 

The use of a too concentrated acid solution, i.e. too small a concentration 

of S?~ ions, together with a weak solution of a metallic salt might prevent 

complete precipitation of all the Pb?+ or Cd?+ ions. With a weak acid 

solution, i.e. too high a concentration of S?~ ions, and a strong solution of 

salt, precipitation of cobalt(m) sulphide may occur when it is not wanted. 

In Group 4, the solution is no longer acidic, but alkaline. Ionisation of 

hydrogen sulphide is, therefore, not suppressed by the presence of H* ions, 

but encouraged by removal of H* ions through reaction with OH- ions. 

A concentration of S?~ ions high enough to precipitate the sulphides of 

nickel(m), cobalt(11), zinc and manganese(11) is, therefore, attained. 

c. Use of potassium chromate(v!) as an indicator. In a silver nitrate(v)}- 
chloride titration, the silver nitrate(v) is run into the chloride solution to 
which some potassium chromate(v1) solution is added to act as an in- 
dicator. 

The first addition of silver nitrate(v) precipitates silver chloride, but not 
silver chromate(v1). This is because silver chloride has a lower solubility 
(0.00146 g dm~%) than silver chromate(vi) (0.0284 g dm-%). When 

_ Sufficient silver nitrate(v) has been added to precipitate all the silver 
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chloride, further addition precipitates brick-red silver chromate(v1), and 

this serves as the end point. 

J 
A more detailed consideration will show why silver chloride is precipitated 
before the silver chromate(v1). The solubility products concerned are 

K,(AgCl) = [Ag*][Cl-] = 1 x 10-*° 

K,(Ag,CrO,) = [Ag*+}?[CrO,?-] = 2.5 x 107%? 

On the addition of 0.1M silver nitrate(v) solution to 0.1M sodium chloride 
solution containing potassium chromate(vI) at a concentration of 0.01M the 
following changes take place. 

The initial [Cl-] will be 10-! and the initial [CrO,?—] is 10-7. If so little silver 
nitrate(v) is added to give [Ag*] of, say, 10~'° then 

fAg*][Cl-] =10-%* and [Ag*}[CrO,?-] = 10-7 

Neither the solubility product of silver chloride nor that of silver chromate(v1) 
is exceeded so that there will be no precipitation. 

Addition of more silver nitrate(v) to give [Ag*] of 10-°, will give 

[Ag*][Cl-] = 10-° 

so that the silver chloride will be precipitated, but silver chromate(v1) will not, as 

[Ag*}?[CrO,?-] = 10-18 

When precipitation of silver chloride is completed, the mixture will be saturated 
with silver chloride so that the [Agt] will be 10-5, and [Ag*]*[CrO,?~] will be 
10-12, A very small further addition of silver nitrate(v) will raise [Ag+]? [CrO,?~] 
above thesolubility of silver chromate(v1) (2.5 x 107 **) which will be precipitated. 

Potassium chromate(v1) can only be used as an indicator in neutral 

solution as it is soluble in acids. Its action as an indicator is not like that of 

the dye-stuffs used in acid—alkali titrations (p. 396) where only one or two 

drops are required. Sufficient potassium chromate(v1) is required to pro- 

duce enough silver chromate(v1) to saturate the solution so that silver 

chromate(v1) can be precipitated. 

4. Solubility of sparingly soluble salts of weak acids in strong acids. A salt of 

a weak acid, sparingly soluble in water, is often soluble in a strong acid. 

Calcium ethanedioate (oxalate), for example, is only sparingly soluble in 

water, but soluble in dilute hydrochloric acid. This is sometimes regarded 

as the ‘turning out’ of a weak acid by a stronger one, 

CaOx(s) + 2HCl(aq) —> CaCl,(aq) + H2,Ox(aq) 

In a saturated solution of calcium ethanedioate in water, 

[Ca?*][Ox?-] = K,(CaOx) 

but addition of a strong acid, i.e. of H+ ions, reduces the ethanedioate ion 

concentration by the formation of ethanedioic acid, 

Ox?- + 2H*+ —>» H,0x 
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This reduction in the ethanedioate ion concentration enables more calcium 

ethanedioate to go into solution. 

Addition of Cl~ ions, along with H* ions, does not materially affect the 

position, for Ca?* and Cl~ ions do not combine together for the product 
they would form, CaCl, is a salt which is soluble and fully ionised. 

5. Calculation of solubility product from solubility. The solubility product of 

a sparingly soluble salt can be calculated from its solubility, measured as 

described in the following section. 

The solubility of silver chloride, for example, at 18°C, is 0.00146 g dm~-3. 

The relative molecular mass of silver chloride is 143.5, so that the solubility 
is approximately 10-> mol dm~3. 

Silver chloride ionises according to the equation 

AgCl == Agt + Ci- 

and, as the solution is necessarily dilute because of the low solubility, it is 
reasonable to assume that ionisation is complete. As 1 mol of silver 

chloride gives 1 mol of Ag* and of Cl-, the concentrations of these ions 
in a saturated solution are 

[Ag*] = 10-5 mol dm~-3 [Cl-] = 10-5 mol dm-3 

The solubility product of silver chloride, 

K(AgCl) = [Ag*][Ci7] 

is, therefore, approximately equal to 1 x 10-!° mol? dm-°. 

6. Measurement of the solubility of a sparingly soluble.salt. This experi- 
mental measurement is not easy, but it can be carried out by conductivity 
measurements. 

The measured conductivity of a saturated solution of silver chloride, at 
18°C, for example, is 1.274 x 10-® Q-! cm-!. At the same temperature, 
the conductivity of the conductivity water used in making the saturated 
solution was 0.054 x 10~°. The conductivity due to the silver chloride, is, 
therefore 1.220 x 10-§ Q-! cm=}, 

If the solubility of silver chloride at 18°C is x g dm~, it is also x/143.5 
mol dm~*. The concentration of a saturated solution of silver chloride i is, 
therefore, x/143.5 mol dm~ or 10-3 x/143.5 mol cm-3. 

The molar conductivity, A., for the saturated solution is given by 

_. Conductivity . Concentration| fs 188. 3 
2 *~ inQ-1cm-! * in mol cm=-3 | ht Os Ea 

and, as the solution is very dilute, this can be taken as bein , Le. 

Ay = 1.22_x 10-3 x 35 Q-1 cm? mol=! 
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The Ap value for silver chloride can also be obtained from the molar con- 

ductivities of Ag* and Cl~ ions, or from the A, values for silver nitrate(v), 

sodium chloride and sodium nitrate(v) (p. 369). Thus. 

Ao(AgCl) = A(Ag*) + A(CI-) 

AofAgCl) = Ao(AgNOs) + Ao(NaCl) — Ao(NaNOs) 

Such measurements give a value for Ao(AgCl) of 120 Q-! cm? mol-!. 

Therefore, 

1.22 x 10-3 x Be = 120 
or 

a3 12 ol BB NyAOTPDONMS.S Sacp aa rge 
120 

The solubility of silver chloride is 0.00146 g dm~-3. 

7. Calculation of solubility from solubility product. If the solubility product 

of a substance is known it is an easy matter to calculate the solubility. 

Silver chromate(v1), for example, has a solubility product of 2.5 x 10-” 

mol? dm~?. This means that, in a saturated solution of silver chromate(v1) 

(Ag* P[CrO7-] = 2.5 x 10-” 

Such a solution will be very dilute, so that the silver chromate(v1) can be 

regarded as fully ionised, 

Ag,CrO, —»> 2Ag* + CrO.?~ 

If the solubility of silver chromate(v1) is x mol dm~? then 

[Agt] = 2x mol dm~3 [CrO,?-] = x mol dm=3 

Therefore, 
(2x)2x = 2.5 x 107? 

x = 0.625 x 10-# = 0.855 x 10-4 

The relative molecular mass of silver chromate(vi) is 333, giving a 

solubility of 0.855 x 10-* x 333, i.e. 0.0284 g dm~%. 

QUESTIONS ON CHAPTER 35 

1. Account for the following: 

(a) Zinc sulphide alone is precipitated when hydrogen sulphide is passed into 
an aqueous solution containing Zn?* and Mn’* ions and dilute acetic acid. 

(b) Magnesium hydroxide is not precipitated from solutions of magnesium 
salts by ammonia solution in the presence of ammonium chloride. 

(c) A concentrated solution of calcium chloride gives no precipitate with 
ammonia solution, but with sodium hydroxide solution a precipitate forms 
immediately. : 

(d) To ensure complete precipitation of sulphides in Group 2 of the analysis 
scheme it is important to control the acidity. 
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2. The solubility product of magnesium hydroxide is 3.4 x 10-" mol? dm~’. 
Calculate its solubility in grammes per litre. 

3. If the solubility of silver chloride in water is 1.3 x 10-5 mol dm~*, what will 
it be in 0.1M sodium chloride solution ? 

4. If one molecule of bismuth(m) sulphide ionises to: give two Bi**+ ions and 
three S*- ions, what is the numerical relationship between the solubility of bis- 
muth(m) sulphide expressed as x g dm~? and the solubility product, K, of bis- 
muth(m) sulphide? 

5. If the solubility of potassium chlorate(vm) is x mol dm~* in water con- 
taining y mol dm~? of potassium chloride, what will the solubility be in pure 
water ? . 

6. (a) The dissociation constant for hydrogen sulphide into hydrogen and sul- 
phide ions is 10-7? mol? dm~°, and the concentration of a saturated solution of 
the gas in water is approximately M/10. What will be the S*~ ion concentration 
in a saturated solution of hydrogen sulphide in (i) M hydrochloric acid, (ii) 
M/10 hydrochloric acid? 

(6) Cadmium sulphide is first precipitated by passing hydrogen sulphide into 
an acidic solution when the acid is 2M and the concentration of Cd?* ions is 
0.01 mol dm=-%. What is the solubility product of cadmium sulphide? 

7. (a) The solubility product of silver chloride is 1.2 x 10~?° mol? dm~-°*. Whatis 
the Ag* ion concentration when (i) 5 cm’, (ii) 10 cm* of M/10 silver nitrate(v) 
solution is added to 10 cm? of M/10 sodium chloride solution? 

(b) If potassium chromate(v1), with a solubility product of 1.6 x 10-** mol? 
dm~°, is present in sufficient quantity to give a CrO,?~ ion concentration of 0.01 
mol dm~*, what Ag* ion concentration is necessary for silver chromate(vi) to 
be precipitated ? 

8. A saturated solution of calcium sulphate(v1) (solubility product = 2.4 
x 107°) will precipitate strontium sulphate(vn (solubility product = 2.8 x 1077 
mol? dm~°) from a solution of a strontium salt. Assuming ideal conditions, what is 
the minimum concentration of Sr?* ions required to give a precipitate of strontium 
sulphate(v1) if equal volumes of saturated calcium sulphate(v1) solution and the 
solution containing the Sr?+ ions are mixed? What minimum Sr?+ ion concen- 
tration would give a precipitate with 0.05M sulphuric(v1 acid under the same 
conditions? 

9. Explain what is meant by the term solubility product and why it can be 
given an approximately constant value for a given salt, solvent and temperature. 
The solubility products of silver chloride and iodide are approximately 10-?° and 
10-** mol? dm~° respectively. What will be the effect of (a) adding sodium chloride 
solution to a saturated solution of silver chloride, (6) shaking up solid silver 
chloride with a solution of potassium iodide, and (c) shaking up solid silver iodide 
with a solution of hydrochloric acid? (O. Schol.) 

10. What is meant by the term solubility product? Give two examples of the 
application of this concept to qualitative analysis. The solubility of lead sul- 
phate(v1) in water at 17°C is 0.035 g dm~*. Calculate (a) the solubility product 
of lead sulphate(v1), and (6) the solubility of lead sulphate(vn (in g dm=3) in a 
0.01M solution of sodium sulphate(vn) at the same temperature. (Assume complete 
dissociation of both solutes.) (O. & C. S.) 

11. What do you understand by the term solubility product? The solubility of 
silver chloride in water at 20°C is 1.507 mg dm-3. What would be the solubility 
in 0.001M potassium chloride? Assume both salts to be completely dissociated. 
Explain why silver chloride dissolves in ammonia solution but not in dilute 
hydrochloric acid, and why barium phosphate(v) dissolves in hydrochloric 
acid but not in ammonia solution. (O. Prelims.) 

=—3 
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12. The solubility of silver chloride in water at 20°C is 1.507 mg dm~*. What 
will be the solubility in 0.001M potassium chloride solution? 

13. If the solubility products of calcium sulphate(v1) and barium sulphate(v1) 
are 2.25 x 10-* and 1.0 x 10-'° mol? dm~® respectively, calculate the corres- 
ponding solubilities in g dm~. 

14. Explain why calcium carbonate is insoluble in water but soluble in dilute 
hydrochloric acid, whilst lead carbonate is insoluble in both water and dilute 
hydrochloric acid. 

15. Explain why (a) zinc sulphide is insoluble in water but soluble in dilute 
hydrochloric acid, (b) mercury(m) sulphide is insoluble in water and dilute hydro- 
chloric acid, (c) copper(m) sulphide is insoluble in water and dilute hydrochloric 
acid, but soluble in aqua regia. 



Chapter 36 

pH values and indicators 

1. Ionic product of water. It is sometimes said that pure water is a non- 

conductor. What is really meant is that pure water has such a low con- 

ductivity that, in some cases, it can be neglected. There are, however, many 

considerations in which the small conductivity of water cannot be neg- 

lected. 
The fact that even the purest water ever obtained is a conductor (p. 364) 

shows that water is very feebly ionised, 

H,0() == H*(aq) + OH (aq) 

and application of the law of equilibrium gives the expression, 

[H* ][OH=] 
[H,0] 

In pure water, the concentration of water molecules is so very large as 

compared with those of Ht and OH7 ions that it can be regarded as con- 

stant. In a mixture of 1000000 water molecules with one H+ and one 
OH ion, a four-fold change in the ion concentrations to 4H* and 40H- 
will still leave 999997 water molecules. The concentration of water 

molecules has hardly altered, and it can be taken as constant. 

This means that, in water, 

[H*+][OH~] = a constant, K, 

K= 

and the constant is known as the ionic product of water. 

mental measurements. The conductivity of the purest conductivity water 
ever made is 0.054 x 10-° Q-* cm~*. The concentration of water is 18 g 

_per 18 cm? or 1 mol per 18 cm? or (1/18) mol cm~3. 
The molar conductivity of water is, therefore, given by 

_ Conductivity in Q-* cm! 
Concentration in mol cm=? 

= 0.054 x 107° x 18 = 9.72 x 10-7 Q-1 cm? mol-! 

ce 

The Apo value for water (545) can be obtained either from the molar 
conductivities of H+ and OH™ ions or from Ao values for hydrochloric 
acid, sodium hydroxide and sodium chloride, 

A)(H20) = A(H*) + A(OH-) 
Ao(H20) = Ao(HCI) + Ao(NaOH) — A,(NaCl) 

The degree of ionisation of water, equal to A,/Ao is, therefore, 9.72 x 
107/545 or approximately 18 x 10-?°, This very low value is a measure 
of how very feebly water is ionised. It means that only 0.000000 18 per cent 
of water molecules are, in fact, ionised. 

_Water has a concentration of 18 g(18'cm*)-* or 1 mol (18 cm%)~ or 
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(1000 ~ 18) mol dm=°. If it was fully ionised the resulting concentrations 

of H+ and OH- would be 1000 ~ 18 mol dm~?, But, as the degree of 

ionisation is only 18 x 10~?° it follows that 

[H+] = [0H-] = +9 x 18 x 10-* = 10-7 
The concentrations of H+ and of OH™ in pure water are, therefore, 10~” 

mol dm-?, so that the ionic product is 10-* mol” dm~°, 

Ky = [H*}(OH-] = 10-7 x 10-7= 107" yh 

2. Ionic product and temperature. The figure of 10~** for the ionic product of 
water is a convenient one for general use, but the accurate value depends on the 
temperature as is shown in the following table: 

T/°C 18 25 40 75 

K,,/mol? dm~® | 0.61 x 10-*4 | 1 x 10-** | 2.92 x 10-14 | 16.9 x 10-14 

The considerable change in K, with temperature is due to the change in the 

ionisation constant, K, of water, 
[H*][OH~] K= 

[H20] 

The equilibrium constant for a reaction is related to temperature by the ex- 

pression 
dinK _ AH 
OT ei RE? 

By taking the value of K,,, which is a multiple of K, at two different temperatures 

it is possible to calculate AH for the reaction 

Ht + OH- —>H,0 

The calculated value is found to be in close agreement with the experimentally 

measured value (p. 334). 

3. pH values. In any aqueous solution, the equilibrium 

H,0(0) == H+(aq) + OH-(aq) 

will shift, according to the conditions, but the equilibrium constant will 

remain constant, at a fixed temperature, so that the ionic product of water 

[H*][OH-] = 10 
will also remain constant. 

In pure water [H*] equals [OH™], and this equality means that pure 

water is neutral. In an acidic solution [H*] will be greater than [OH~], and 

in an alkaline solution [OH] will be greater than [H*]. Summarising, 

Neutral solution [H+] = [OH-]= 10~’ 

Acidic solution [H+] >[OH-] [H*]>10-7 [OH-]< 10-7 

Alkaline solution [OH-]> [Ht] [OH-]>10-’ [Ht]< 10-7 

the ionic concentrations being expressed in mol dm~*. 
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The very wide range, from a strongly acidic solution with H+ concentra- 
tion of about 10-' mol dm~? to a strongly alkaline solution with H+ 
concentration about 10-14% mol dm~3, made a more convenient scale. for 
expressing H* concentration desirable. Such a scale was suggested by 
Sgrensen, in 1909. On this scale eke negative logarithm of the H* concen- 
tration in mol dm~* in a solution is called the pH of the solution p for 
potenz, meaning strength. Thus 

1 
pH a —logio[H*] = logo 

For a neutral solution, with [H+] = [OH~] = 1077 the pH is 7. For an 
acid solution with [H*] > 10-7, the pH is less than 7. For an alkaline 
solution, with [H*] < 10-7 the pH is greater than 7. 

[H+] 10-1 10-7 jae {gn 

ACIDIC u ALKALINE 

A 
L 

pH 1 7 13 
4. pH changes during acid-alkali titrations. As an alkaline solution is run 
into an acidic solution during a titration there is a change in the pH value 
and, at the end point, the change may be a sharp one which can be detected 
by using an indicator (p. 395). 

The way in which the pH changes during the course of a titration 
depends upon the nature of the acid and alkali used. 

a. Titration of strong alkali against strong acid, e.g. 0.1M sodium hydroxide 
against 25 cm? of 0.1M hydrochloric acid. 

Before starting the titration the pH of the 0.1M acid, fully ionised to 
give [H*] equal to 10-1 mol dm~3, will be 1. 

After the addition of 5 cm’ of 0.1M alkali, there will be present the 
equivalent of 20 cm® of 0.1M acid in 30 cm® of solution. 20 cm? of 0.1M 

-1 
acid contains oe mol of H*, and the concentration of H+ will, 

a4 
therefore, be oe x _ mol dm~%, i.e. 0.0667 mol dm-®, The pH 
is calculated as follows: 

PH = —logio 0.0667 = —(2.8240) = 1.176 

When 25 cm? of 0.1M alkali have been added to the acid, the mixture 
will be just neutral with a pH of 7. 

With 26 cm? of 0.1M sodium hydroxide added, the equivalent of 1 cm? 
of 0.1M alkali will be present in 51 cm? of solution. 1 cm? of 0.1M alkali 
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10-1! x 1 
1000 

105! x1 1000 
IGM Ea ch mol dm~, i.e. 1.96 x 10-3 mol dm~*. The con- 

contains mol of OH™ ion, so that the concentration of OH™ ion 

will be 

-14 ; ; 10 Sy 
centration of H* will, therefore, be 96 x 1073 so that the pH is given by 

-11 see 
pet tone (Fa0) = —(12.7077) = 11.292 

Further figures are included in the following table, and these are plotted 

in Fig. 134a: 

cm? of 0.1M 
NaOH added} 0 : ‘ 26 

pH 1.176 | 1.367 | 1.954 | 2.690 | 3.155 | 7 | 10.683 | 11.292 

The graph shows that there is a quite sudden change in pH, from 4 to 10, 

around the end point, and when equivalent amounts of acid and alkali are 

present the solution is exactly neutral, with a pH of 7. In this type of titra- 
and cin olan dhe: ina ith ival ; 

b. Titration of a strong alkali against a weak acid, e.g. 0.1M sodium 

hydroxide solution against 25 cm? of 0.1M ethanoic acid. 

The calculation of the pH changes during this type of titration is not so 

easy as during the titration between strong alkali and strong acid, because 
t ; aa é 

ionisati i itration.. The matter.can,-however, 

‘be treated qualitatively. _ 
0.1M ethanoic acid is not fully ionised so its H* ion concentration will 

be less than that of 0.1M hydrochloric acid, i.e. its pH will be higher. 

The effect of adding a solution of a strong alkali, which is fully ionised, 

will be more marked than the effect of the same alkali on a strong acid. The 

pH change in a titration of 0.1M sodium hydroxide against 25 cm® of 

0.1M ethanoic acid is, therefore, of the form as shown in Fig. 134b, and 

this is typical of any titration of a strong alkali against a weak acid. 
The chanee in pH from 7.5 to 10.5 at the end point of the titration i 

so-great.as that ina titration of a strong alkali against a strong acid, More- 

over, the pH at the end point, when equivalent amounts of alkali and acid 

are present, is greater than 7. 

In other words, j 

weak acid forms an alkaline solution. This is hecause the sal it formed is, in 

fact, hydrolysed, i.e. interacts with water (p. 414). With sodium hydroxide 

and ethanoic acid, the salt formed is sodium ethanoate. This is fully 
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25 . 25 
ALKALI / m3 ——> —— ALKALI /cm3 ——>— 

(a) Strong alkali and (b) Strong alkali and 
strong acid weak acid 

' 

25 25 
ALKALI /em3 ——> —— ALKALI /cm3 ——>- 

(c) Weak alkali and (d) Weak alkali and 
strong acid weak acid 

Fic. 134, Titration curves showing the PH changes as a 0.1M solution of a 
strong or weak alkali is added to 25 cm? of a 0.1M solution of a strong or weak 
acid. The precise shape of the curves depends on the actual strengths of the 
alkalis and acids concerned. Slightly different curves are obtained, too, if solutions 
other than 0.1M are used. 

ionised, but the Na* and Et™ ions interact with OH- and H* ions from 
water, 

NaEt —» Na+ + Et- 

+ + 
H.Oiun dest OH- + Ht 

ti i 
NaOH HEt ' 

The interaction of the ions is not equal. Et~ and H+ ions combine appre- 
ciably to form ethanoic acid which, being a weak acid; is not highly ionised +; : 
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ions_because the sodium hydroxide which would be formed is a strong 

electrolyte and fully ionised. 

The overall effect is a removal of H* ions from solution which is not 
counterbalanced by any similar removal of OH™~ ions, and the resulting 

solution of sodium ethanoate is alkaline. _ 

c. Titration of a weak alkali against a strong acid, e.g. 0.1M ammonia 

solution against 0.1M hydrochloric acid. 

In the titration of a weak alkali against a strong acid, the sudden change 

in pH at the end point occurs between about 3.5 and 6.5 as shown in Fig. 

134c. The pH at the end point, when equivalent amounts of alkali and 

acid are present, is less than 7, i.e. the mixture is acidic. This is accounted 

for by hydrolysis as follows: 

NH.Cl —» NH, + Cl 
+ =} 

HOSS; OH" 75 4. Ht 

| if Y 
NH; + H,0 HCl 

Removal of OH™ ions from the solution in the formation of unionised 
ammonia is not balanced by an equal removal of Ht ions, so that the 

concentration of H+ ions is greater than that of OH™ ions. 

d. Titration of a weak alkali against a weak acid, e.g. 0.1M ammonia 

solution against 0.1M etharioic acid. There is only a gradual change in pH 

throughout this type of titration of the kind shown in Fig. 134d. 

5. Neutralisation indicators. Indicators are substances which vary in colour 

according to the Ht ion concentration of the solution or liquid to which 

they are added. 
Such indicators can be used to measure H* ion concentrations (p. 403), 

or to detect changes in H* ion concentration or pH. Different indicators 

change colour over different ranges of pH, and the-most-useful_are_those 

_having a distinct.colour-change-over.a-narrow-range-of_pH.-Some of the 

commoner indicators are listed below: 

Indicator ‘Acid’ colour | ‘Alkaline’ colour | pH Range | — 

Thymol blue : 2 Red Yellow 1.2-2.8 

Methylorange . : Pink Yellow 3.1-4.4 

Methyl red . : . Pink Yellow 4.4-6.3 

Bromothymol blue : Yellow Blue 6.0-7.6 

Azolitmin (in litmus) . Red Blue 5.0-8.0 

Cresolred . : : Yellow Red 7.2-8.8 

Thymol blue ; : Yellow Blue 8.0-9.6 

Phenolphthalein . ; Colourless Red 8.3-10 
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It will be seen that thymol blue undergoes two colour changes at different 
PH values, and this is not unusual. Mixtures of selected indicators give a 
gradual change of colour over a wide range of pH; such mixtures are 
known as universal indicators. 

In an acid-alkali titration, it is important in choosing an indicator which 
will give the correct end point to pick one which changes colour over the 
range in which there is a marked pH change during the titration (see Fig. 
134), The ideal indicator would change colour over_a range whose mid-_ : od : : Z 

ditration_This means that the choice of indicator is limited as follows: 

Marked pH 
Titration change Indicator 

Strong acid and strong 410 Litmus (5-8) or almost any 
alkali indicator 

Weak acid and strong alkali | 7.5-10.5 Phenolphthalein (8.3-10) 
Strong acid and weak alkali] 3.5-6.5 Methyl red (4.4-6.3) 
Weak acid and weak alkali | No marked | End point cannot be detected 

change accurately by any indicator 

6. The functioning of an indicator. In the simplest theory of indicator action, 
first suggested by Ostwald in 1891, it is assumed that all indicators are 
either weak acids or weak bases. The most commonly used indicators are, 
in fact, weak acids, the unionised molecule being one colour whilst the 
anion is a different colour. 

The ionisation of such a weak acid indicator might be represented as 

Hip == Ht +” in= 
(One colour) (Different colour) 

In an acidic solution, where the concentratio of, H* ions is high, the in- dicator will be mainly present as HIn molecules, In ‘alkaline Solution} where H* ions are removed by combination with OH~ ions, the indicator will be 
mainly present as In~ ions, oy 

Dilution by itself might be expected to change the colour of an indicator, 
for in dilute solutions, the greater dissociation of HIn molecules will give 
more In~ ions, It is, in fact, true that dilution can affect the colour of 
an indicator. 

The equilibrium constant for the ionising indicator is given by 

_ [H*][In7] 
A> a 

where_K, is. the ionisation.constant.of the indicator. 
When_the indicator_is.at.the_mid-point_of_its.colour-change_there_will 

be as many. HIn molecules present as_In- ions, i.e. [HIn] will be equal to [In7], and, at this stage, K; will be equal to (H*]. Thus the mid-point of an indicator’s colour 
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pithe lietoratt he ae DH wAlho is sence as ike pK value for ie 
indicator. Some typical numerical values are given below: 

Thymol blue feo: Azolitmin 7.9 
Methyl orange 3.6 Cresol red 8.3 
Methyl red 5.0 Thymo! blue 8.9 
Bromothymol blue 7.1 . Phenolphthalein 9.6 

The pH at which an indicator is midway through its colour change, i.e. the pK 
of the indicator, is of value, but the range over which the colour change may be 
said to be completed is also useful. To decide this, theoretically, it is necessary to 
assume the conditions under which the colour change might be said to be com-. 
plete. The assumption most generally made is that the colour change from the 

Similarly, ti ; her discs ill] hen [Hol 

When [In-] is equal to 10[HIn], 

K, = 10[4+] or pat) = © 
and when [HIn] is equal to 10[In7] 

+ 

K; =. or [H*] = 10K, 

A [H*] ion concentration of K; corresponds to a pH equal to pK; [H*] of 
0.1K, corresponds to a pH of pK — 1; [H*] of 10K, corresponds to a pH oF 
pK +1. 

The colour change of an indicator can, therefore, be summarised as: 

First change Miad-point Colour change 
of colour of change complete 

0.1K, Ki 10K; 

pK —1 pK pK + 1 

The H* ion concentration has to change 100-fold to complete the colour change, 
or, in other words, the range over which an indicator changes colour com- 
pletely is 1 unit of pH on each side of the pK value for the indicator. 

These theoretical figures for the range of an indicator do not accurately coin- 

cide with the range as measured experimentally, as shown in the following table, 

but this is due to the arbitrary assumption made about the completion of the 

colour change in the theoretical considerations. 

‘Theoretical’ ‘Experimental’ 
Indicator pK value range range 

Methyl orange. | __ 6 2.6-4.6 3.1-4.4 
Methyl red . : 4.0-6.0 4.4-6.3 

Bromothymol blue. f 6.1-8.1 6.0-7.6 

Phenolphthalein  . ; 8.6-10.6 8.3-10.0 
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7. Indicators which are not acids or bases. Some indicators are neither acids nor 
bases, and their colour change is related to the existence of tautomeric forms. 
4-nitrobenzenol, for example, acts as an indicator with a colour change from 
colourless to yellow and a pH range of 5-7. It exists in two tautomeric forms, I 
and II, I being colourless and stable in acid solution, whilst II is yellow and stable 

Ay Aho 44,01 Z|nhkegt eee O 
Te eee | alicalane yi 

ces Cae See 
ia {| NO, NO-OH NO-O- 

if I il 
(colourless) (yellow) 

in alkaline solution. A small excess of acid or alkali upsets the equilibrium between 
I and II and produces a colour change. The change is probably assisted, too, by 
II functioning as a weak acid and ionising to give the anion, III. 

The tautomeric forms of other indicators are more complicated but the same 
ideas apply. 

8. Uses of indicators in special titrations. It is important to realise that the 
terms acidic, alkaline and neutral can be very misleading unless carefully 
understood in their particular context. A solution of a weak acid, e.g. 
carbonic acid, may have a pH of 5. Phenolphthalein would indicate that 
such a solution was acidic, but, so far as methyl orange is concerned, the 
solution would appear to be ‘alkaline’. The solution would turn phenol- 
phthalein colourless, but it would turn methyl orange yellow. Similarly, a 
solution with a pH of 8 would be alkaline (yellow) when tested with methyl 
orange, but ‘acidic’ (colourless) when phenolphthalein was used. 

i i but, as has been seen (p. 395), 
the pH of mixtures formed when equivalent quantities of acids and 
alkalies are mixed may be less than or greater than 7 if the acid and alkali 
are not of equal strength. The end point of an acid-alkali titration is not 

a. Titration of sodium carbonate. Sodium carbonate is a salt of a strong 
alkali and a weak acid, and its solution in water, because. of hydrolysis, is 
alkaline. It will react with solutions of strong acids, e.g. 

Na,CO; + 2HCl —> 2NaCl + H,CO, 

and the detection of the end point of such a reaction is affected by the fact 
that one of the products of the reaction is itself an acid. 

It is, however, a very weak acid and the PH of the sort of carbonic acid 
solutions obtairied in a typical carbonate-acid titration is about 5. Such a 
solution would be ‘acid’ to phenolphthalein (range 8.3-10) and turn it 
colourless, but it would not be acid to methyl orange (range 3.1-4.4), and 
would not turn it red. 
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The pH of 0.025M sodium carbonate solution is 11.5, so that methyl 

orange will be yellow in this solution. At the end point, in titration with 

0.1M hydrochloric acid, the colour will change to red, but this colour 

change will not have been affected by the carbonic acid formed, as carbonic 

acid, at this concentration, will not affect methyl orange. 

Carbonates can, therefore, be titrated against strong acids by using 
methyl orange as indicator, 

b. Titration of disodium tetraborate(m), borax Na,B,O;. This is a salt, like sodium 
carbonate, of a strong alkali and a weak acid, and its solution is alkaline. It 
will react quantitatively with a strong acid such as hydrochloric acid according 
to the equation, 

Na.B,0, + 2HCI + 5H,0 —> 2NaCl + 4H;3BO; 

and the end point of this reaction can be detected so long as methyl orange, which 
is not affected by the very weak boric(m) acid, H3;BOs3, is used as indicator. In 
fact, borax is a very good substance to use in standardising acid solutions. 

Methyl orange added to 0.05M borax solution will be turned yellow and, at 
the end point in titration with 0.1M hydrochloric acid, it will be turned red. The 
boric(m) acid formed would not contribute to the colour change for the pH of 
0.05M boric(m) acid is just over 5. The range of methyl orange is 3.1 to 4.4, so 
that it is yellow in 0.05M boric(m) acid solution. 

Boric(m) acid is acid to phenolphthalein, with a range of 8.3 to 10, so that it 
can be titrated against solutions of strong alkalis using phenolphthalein as 
indicator. It is, however, better to carry out such a titration in the presence of 
propane-1,2,3-triol (glycerol), glucose or mannitol, all of which form stronger, 
complex monobasic acids with boric acid. 

c. Double indicator method. A mixture of sodium carbonate and sodium 

hydroxide can be estimated by titration with standard acid, using two 

indicators. 
Phenolphthalein is first added to the mixture to be titrated and the 

standard acid, say 0.1M hydrochloric acid, is run in. The colour of the 

indicator changes from pink to colourless when all the sodium hydroxide 

has been converted into sodium chloride and when the sodium carbonate 

has been converted into sodium hydrogencarbonate, 

NaOH + HCl —> NaCl + H,0 

Na,CO; + HCl —> NaHCO; + NaCl 

The pH of an approximately 0.1M solution of sodium hydrogencarbonate 

is about 8 (p. 416). 

The amount of acid required, say x cm*, to decolorise the phenol- 

phthalein is equivalent to all the hydroxide originally present plus half the 

total carbonate. 
If methyl orange is now added to the mixture and the titration continued 

the sodium hydrogencarbonate will be converted into carbonic acid and 

sodium chloride, 

NaHCO, + HCl —> NaCl + H,COs; 
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The pH will change from about 8 to less than 3. The amount of acid 

required, say y cm, will be equivalent to the hydrogencarbonate, i.e. to 
half the original carbonate. 

The sodium carbonate present in the original mixture is, therefore, 

equivalent to 2y cm? of acid, whilst the sodium hydroxide is equivalent to 
(x — y) cm%, 

A similar procedure can be adopted in estimating a mixture of sodium 

carbonate and sodium hydrogencarbonate. Here, the titration value (x cm?) 
using phenolphthalein is equivalent to half the sodium carbonate present, 

Na,CO; + HCl —» NaHCO; + HCl 

whilst the methyl orange titration value (y cm’) is equivalent to half the 
sodium carbonate plus all the sodium hydrogencarbonate. 

The sodium carbonate present in the original mixtures is, therefore, 
equivalent to 2x cm* of acid, whilst the sodium hydrogencarbonate is 
equivalent to (y — x) cm%, 

Na3 PO, 

0 10 20 30 
cm3 of M4 NaOH added 
to 10cm} of M49 H,PO, 

Fic. 135. The pH changes in a titration of 0.1M sodium hydroxide solution 
against 0.1M phosphoric(v) acid. 

d. Titration of, Phosphoric(v) acid. Phosphoric(v) acid is tribasic so that it can react with an alkali such as sodium hydroxide in three stages, 

i H3PO, + NaOH —> NaH;PO, + H,0 
i NaH,PO, + NaOH —_—> Na,HPO, + H,0 
lll Na,HPO, + NaOH —» Na3PO, ro H,0 ‘ 

to form two acid salts and one normal one. 
The pH value of the various products, all in M/10 solution are 

H3PO, NaH.PO, Na,HPO, Na;PO, 
1.5 4.4 9.6 =12 
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Addition of sodium hydroxide solution to phosphoric(v) acid solution con- 
taining methyl orange, until the colour changes completely to yellow, will give a 
solution of sodium dihydrogenphosphate(v). The_amount of sodium hydroxide 
required will ivalent = ic(v).aci 

Using phenolphthalein, addition of sodium hydroxide will give a deep magenta 
colour when all the phosphoric(v) acid has been converted into disodium hydro- 
genphosphate(v) (pH = 9.6). But before then the phenolphthalein will become 
pale rose when the pH reaches 8.3, i.e. when about 93 per cent of disodium hydro- 
genphosphate(v) has been formed. It is, therefore, not easy to obtain an accurate 
a point using phenolphthalein as an indicator. T w- 

- 1_phosphoric(v) acid 
Dey (Fig. 135). 

9. Buffer solutions. A buffer solution, or a solution of reserve acidity or 

alkalinity, is one which maintains a fairly constant pH, even when small 
amounts_of acid or alkali are added to it. Water, or simple aqueous solu- 

tions, do not maintain their pH value at all well because of the marked 

effect of impurities such as dissolved carbon dioxide absorbed from the air 

or silicates dissolved from a glass vessel. , 

Acid buffer solutions can be made by mixing a weak acid with a salt of 

the same weak acid; alkaline buffer solutions, by mixing a weak base with 

a salt of the weak base. 
A simple acid buffer solution can be made from ethanoic acid and sodium 

ethanoate, 

Pate TS et 

NaEt —> Na* + Et™ 

Sodium ethanoate is fully ionised, and the ethanoate ions it produces 

suppress the ionisation of the ethanoic acid so that the mixture contains 

more ethanoic acid molecules and more ethanoate ions than ethanoic acid 

alone. 

The excess ethanoate ions react with any H* ions which might be added, 

Et- + H* —~> HEt 

whilst the excess ethanoic acid molecules react with any added OH ions, 

HEt + OH- —>H,0O + Et~ 

Addition of small amounts of acid or alkali to the buffer solution of 

sodium ethanoate and ethanoic acid do not, therefore, greatly affect the 

pH of-the mixture. 

A numerical’example, taking a buffer solution made of 0.1M ethanoic acid 
and 0.1M sodium ethanoate, illustrates the point quantitatively. 

The Et~ ion concentration, assuming that it all comes from the fully ionised 
sodium ethanoate and neglecting the relatively small amount from the weakly 
ionised ethanoic acid, will be 0.1 mol dm~*. The concentration of HEt molecules, 
neglecting the small degree of ionisation, will also be 0.1 mol dm~* 
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The dissociation constant of ethanoic acid is 1.8 x 10-5 mol dm~, i.e. 

PTET) rg witg-e = 
[HEt] 

sot 8 x 10-5 x [HEt] ,f = doa] H"] qed se MOT xX t a5 3 
Ae cade beet ae ph fey 

In the mixture under consideration, the H+ ion concentration will be 1.8 x 10-° 
mol dm~%, and the pH value will be 4.74. 

If 10 cm? of M hydrochloric acid, i.¢. 0.01 mol of H*, is added to 1 dm’ of the 
mixture, it will react with Et- ions to form HEt molecules. 0.01 mol of Et~ 
will be used up, and 0.01 mol of HEt will be formed. The concentrations of Et~ 
ions and HEt molecules, after the addition of hydrochloric acid, will be 

[Et-] = 0.1 — 0.01 = 0.09 mol dm=3—_ [HEt] = 0.1 + 0.01 = 0.11 mol dm=? 

The new H+ ion concentration will be 

1.8 x 107-5 x 0.11 
0.09 

[H+] = 

and the new pH, 4.66. 

= 2.2°<10>>mol dm. 

Addition of 10 cm* of M hydrochloric acid to 1 dm? of this buffer 
solution therefore lowers the pH from 4.74 to 4.66. Addition of 10 cm3 of 
M hydrochloric acid to 1 dm’ of water would produce 0.01M hydrochloric 
acid; the pH would be changed from 7 to 2. 
An_-alkaline buffer solution contains a weak alkali together with one of 

its salts. A mixture of ammonia solution and ammonium chloride provides 
an example. The NH,* ions from the fully ionised ammonium chloride 
suppress the ionisation of the ammonia solution so that the mixture 
contains a greater concentration of both ammonia molecules and ammon- 
ium ions than ammonia solution by itself. 
Added OH™~ and H?* ions are.‘taken up’ by the reactions, 

NH,* + OH- —»NH,OH 

NH; + H+ —> NH,+ 

It is so useful to be able to make, and keep, solutions with more-or-less 
constant pH that many buffer solution mixtures are marketed. Typical 
mixtures used include benzene-1,2—dicarboxylic (phthalic) acid and potas- 
sium hydrogenphthalate, sodium dihydrogenphosphate(v) (as the weak 
acid) and disodium hydrogenphosphate(v) (as the salt), and boric(m) acid 
and borax (p. 399). There are also many proprietary mixtures. The buffer 
mixtures are commonly provided in tablet form to be made up into aqueous 
solution as required. 

10. Measurement_of H* ion concentration or pH. The measurement of hydrogen ion concentrations in solutions is important in obtaining values 
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for the dissociation constants of acids (p. 375), and many industrial and 
biological processes depend, too, on H+ ion concentration and are con- 
trolled by its measurement. A variety of methods are available. 
H* ions are invariably present as part of an equilibrium mixture, and tl : : neste hodavhichorll 

not upset the equilibrium. It must also be pointed out that the following 
methods really measure the concentration of solvated H+ ions, i.e. of 
H;O* in aqueous solution (p. 406). 

a. H* ion concentration from conductivity measurements. Conductivity measure- 
ments on a solution of an acid of known concentration will give the conduc- 
tivity (p. 365), from which the molar conductivity, A,, can be calculated. By 
measuring, also, the 4) value for the acid, the degree of ionisation, A,/Ao, can 
be obtained. 

The H* ion concentration in a solution of any concentration can easily be 
calculated if the degree of ionisation at that concentration is known (p. 375), and 
the dissociation constant of the acid concerned can be obtained by applying 
Ostwald’s dilution law (p. 373), 

ac 
l—«@ 

K= 

b. H* ion concentration from boiling point or freezing point measurements. The 
degree of ionisation of a solute can be measured by comparing its effect on the 
boiling point or freezing point of a solvent with the calculated effect assuming no 
ionisation (p. 276). 

If the solute used is an acid, the measured degree of ionisation can be used for 
obtaining the H* ion concentration or the dissociation constant of the acid, as 
in a. 

c. Ht ion concentration using indicators. If the same amount of the same 

indicator gives the same colour in the same amount of two different solu- 

tions, then the solutions must have the same pH, i.e. the same H* ion 

concentration. 

H?* ion concentrations in unknown solutions can, therefore, be measured 

if a set of buffer solutions of known pH is available. The approximate pH of 

an acid solution is first measured using universal indicator (p. 396). If its 

value is approximately 4, say, then methyl orange (range 3.1-4.4) is a 

suitable indicator to choose for further investigation. Two drops of methyl 

orange are added to 10 cm? of the acid solution and the colour obtained is 

matched against that given by 2 drops of methyl orange in 10 cm? portions 

of solutions of known pH varying from 3.1 to 4.4. By matching the colour 

of the unknown solution against that of the known solutions, the pH of the 

unknown solution can be found. 
The colour matching can be done by eye or by using a colorimeter. The 

set of buffer solutions, each with a slightly different colour, can be replaced, 

too, by a coloured chart or by a set of coloured glasses. The use of a colori- 

meter with a set of coloured glasses provides a quick and simple method of 

measuring the pH values reasonably accurately. 
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d. H* ion concentration from measurements of reaction velocities. Some reactions, 
e.g. the hydrolysis of esters or the inversion of cane sugar (p. 313) take place at 
speeds which are proportional to the Ht ion concentration of the solution in 
which they are carried out. By comparing the measured rates of reaction in the 
presence of an acidic solution of known pH and of an unknown acidic solution 
it is possible to obtain the pH of the unknown solution. The method, however, is 
tedious. 

e. Ht ion by measurement of the e.m.f. of a cell. This method is described 

on p. 341. It is the method incorporated into pH meters, which allow the 

pH of a solution to be read directly off the scale of the instrument when an 

electrode is immersed in the solution under test. 

QUESTIONS ON CHAPTER 36 

A. What is the approximate percentage decrease in H+ ion concentration 
corresponding to an increase of 0.1 in pH? 

2. What is the hydrogen ion concentration in solutions with pH of (a) 4, and 
(b) 3.6? 

3. Calculate the pH of (a) 0.1M ethanoic acid solution if the dissociation 
constant of the acid is taken as 1.75 x 10-* mol dm~-3, (6) 0.01M hydrochloric 
acid, (c) 0.01M sodium hydroxide solution, (d) a solution with a hydrogen ion 
concentration of 2 x 10~-° mol dm~?. 

4. The logarithmic nature of the pH scale means that the mean hydrogen ion 
concentration between 4 and 5 is not 4.5 but 4.3. Explain what this means. 
7»: Prove that the pH of an acid with dissociation constant, K, in a solution in 
which the degree of dissociation is «, is equal to logio 1/K + logio {a/(1 — «).}. 

6. Calculate the approximate pH values of the solutions obtained by adding 
20, 24, 24.9 and 25 cm? of 0.1M sodium hydroxide to 25 cm? of 0.1M hydro- 
chloric acid. Why would the values be different if 0.1M ethanoic acid were used 
instead of hydrochloric acid, and what would be the effect in each case if ammonia 
solution were substituted for sodium hydroxide? (O. & C. S.) 

7. Draw and explain the curves showing approximately the change of pH 
when 50 cm? of 0.1M sodium hydroxide solution is run slowly with stirring into 
(a) 25 cm? of 0.1M hydrochloric acid, (6) 25 cm? of 0.1M ethanoic acid. What 
light do these curves throw on the indicators which may be used for the 
titration of sodium hydroxide with these acids? Why is it not possible to titrate 
ethanoic acid with ammonia solution, using ordinary indicators? (O. & C.) 

8. Show how the formula expressing Ostwald’s dilution law is derived. To 
what extent is it generally applicable? The dissociation constant of ethanoic 
acid in aqueous solution at 25°C is 1.75 x 10-* mol dm~%. Calculate its degree of 
ionisation in 0.1M solution at 25°C, and the pH of the solution. 

9. What is the pH of a 0.01M potassium hydroxide solution at 25°C if the 
ionisation constant of water at that temperature is 1 x 10-'*? What is the hydro- 
gen ion concentration (in mol dm~‘) of a solution which has a pH of 5.52 

AO. Explain the meaning of the term dissociation constant as applied to acids 
and bases in solution. Calculate (a) the mass of hydrogen chloride required per 
dm? to give a pH of 3, (6) the pH of a 0.01M solution of propanoic acid 
(K = 1.45 x 10~* mol dm~=*), and (c) the concentration in mol dm-? of an 
aqueous ammonia solution (K = 1.74 x 10-* mol dm~3) whose pH is 10.3. 
7/11. A 0.025M solution in water of a monobasic acid was found to havé a 
oS come of —0.06°C. What is the dissociation constant and pK value of 

the acid? 
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12. What methods are used for determining the ‘end points’ of titrations? 
Outline the principles involved. (O. Schol.) 

13. What is the evidence that when ammonia dissolves in water ammonium 
ions are formed? Will the pH of a solution of ammonium chloride in water be 
greater or less than 7? Give reasons (O. Schol.) 

14. What is a buffer solution, and why are such solutions important? Given 
that the dissociation constant of ethanoic acid is 1.8 x 10-5 mol dm~?, describe 
how you would prepare a buffer solution of PH 5. (O. Schol.) 

15. What is a buffer solution? Explain its mode of action. Give two instances 
of the use of ammonia solution in the presence of ammonium chloride. (O. & C.) 

16. What is the pH of a buffer solution made by dissolving 0.005 mol of 
methanoic acid (K = 1.8 x 10-* mol dm~-*) and 0.007 mol of sodium methano- 
ate in1 dm? of aqueous solution? What is the effect on the pH of a tenfold 
dilution? 
Al. Calculate the pH of a mixture of 50 cm? of M ethanoic acid with 20 cm? 
of M sodium hydroxide. Point out, clearly, what assumptions you make in the 
calculation. 

18. The K; values for methyl red and methyl orange are1 x 10-5and4 x 1074 
tespectively. They both change colour from red in acid solution, through orange, 
to yellow in alkaline solution. Draw up a table to show their probable colours 
in solutions of pH 2, 3, 4, 5 and 6. 

19. The acid dissociation constant of methyl orange is 4 x 10-* mol dm~?. The 
solubility product of magnesium hydroxide is 2 x 10-1! mol} dm~°. Describe what 
will happen when molar sodium hydroxide solution is added dropwise to 25 cm? 
of 0.5M sulphuric acid in which 0.1 g of magnesium has been dissolved and con- 
taining a few drops of methyl orange. (K,, = 10-4; Mg = 25.) (O. Schol.) 

20. Explain the distinction between the terms ‘the molarity of an acid’ and 
‘the strength of an acid’. Discuss the way in which knowledge of the strength of 
an acid would affect your choice of the indicator to be used for determining its 
normality. (O. Schol.) 
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Acids and bases 

1. Oxonium or hydronium ion. An acid is often defined as a substance which, 

on dissolving in water, dissociates to produce hydrogen ions as the only 

positively charged ions. On this view, which was essentially that of 

Arrhenius, acidic properties are due to hydrogen ions, and the dissociation 

of an acid is conventionally represented by showing the formation of such 

ions, e.g. 

H,SO, —>- Ht + HSO,— 

H,SO, Sr tate 2H* + SO, a 

Such a representation is now known to be a simplification, for H* ions 

do not exist in the presence of water. They are, in fact, hydrated to form 
H,0+* ions, known as oxonium or hydronium ions, 

H* + H,O —~> H;0+ 

It is possible, too, that the hydration may, under some conditions, be 

carried further to give H(H,O),+ or H*(aq) ions. 

That H* ions are hydrated in the presence of water is to be expected on 

theoretical grounds. An isolated Ht ion, or proton, is very minute, with a 

radius 50000 times less than that of a lithium ion which is itself a small 

positively charged ion. According to Fajans’s rules (p. 165), an H* ion 

would have a very strong tendency to pass into the covalent state, and this 

it can do by combining with an H,O molecule to form H30*. 
Experimental evidence for the hydration of H* ions comes from the 

measurement of transport numbers. The movement of water along with 

H* ions during electrolysis can be demonstrated (p. 455). 

If it is the H30* ion which exists in the presence of water, and not the. 

Ht ion, the ionisation of water and of acids must, more accurately, be 

written as 

H,0(1) + H,00) == H;0+*(aq) + OH~(aq) 

HCl(g) + H,0()) —> H;0*(aq) + Cl~(aq) 
H,SO,(1) + 2H,0(1) —-> 2H;0*(aq) + SO,?-(aq) 

It is, however, conventional to write H* instead of H;0* in such equa- 

tions and similar ones. Moreover, the numerical value for a hydrogen ion 

concentration is the same no matter whether H* or H;O?* is considered, so 

long as the concentration is expressed in mol dm~°, as is generally done. 

2. Bases and alkalis. The term base was introduced by Rouelle, in 1754, to 

denote a substance which reacted with an acid to form a salt and water 

only. A-metallic_oxide or hydroxide was regarded as the base from which 
salts could be made. 

The term alkali is much more ancient, and was originally associated with 

the ashes from burnt wood. As chemistry developed, a distinction was 
made between mild alkalis, such as sodium and potassium carbonate, and 
caustic alkalis, such as sodium and potassium hydroxide. 



Acids and bases 407 

Eventually the word alkali was most commonly used to denote a soluble 
base, and as sodium and potassium hydroxides are by far the commonest 
soluble bases the term is sometimes limited to these two substances. 
From the viewpoint of early ionic theory a base was regarded as a sub- 

stance which reacted with H* ions to form water, e.g. 

PbO(s) + 2H*(aq) —» Pb?+(aq) + H,O(1) 

NaOH(s) + H*(aq) —> Na*(aq) + H,O()) 

whilst a soluble base (alkali) was also defined as a substance which, on 
dissolving in water, dissociated to give OH™ ions. 

3. Brensted—Lowry theory. The definitions given in the preceding sections 

for_acids, bases.and alkalis are not entirely satisfactory, and apply only to 
aqueous solutions. 

They were replaced, in 1922, by wider definitions put forward by 

Brensted and Lowry; 

di ‘ll gi 

A base is a substance that will accept protons from_an_acid. 

id is a proton-donor and a base is a proton-acceptor. 

The relationship between an acid and a base is then summarised by 

A = Ht++B 
Acid Base 

(Proton-donor) (Proton-acceptor) 

A and B which may each be molecules, radicals or ions are said to be con- 

jugate or a conjugate pair. B is called the conjugate base of the acid A, and 

A the conjugate acid of the base B. Typical conjugate pairs are underlined 

in the following examples: 

HEt == Ht ++ Et- NH,* =— H+ + NH; 

H,SO, = H* + HSO,- H,O0 == H+ + OH- 

The recognition of ethanoate and hydrogensulphate(v1) ions as bases, 

along with ammonia and hydroxide ions, and that of ammonium ions and 

water as acids along with ethanoic acid and sulphuric(v1) acid shows how 

the conception of acids and bases is widened by the Brgnsted—Lowry 

theory. 

A is a strong acid if the equilibrium 

A = Ht +B 

is well over to the right; B is a strong base if the equilibrium is well over to 

the left. Thus the conjugate base of a strong acid is a weak base and vice 
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versa. Similarly, the conjugate acid of a strong base is a weak acid, and 
vice versa. 

If the solvation of H* by a solvent is also taken into account the relation- 

ship between conjugate pairs in an aqueous solution is 

A +H,0 =~ H,;0O+t +B 

In such a change, water is accepting a proton from acid A, i.e. is acting as a 

base, whilst H;0* ions are giving up a proton to base B, i.e. are acting as 

an acid. The change can be generalised as 

Acid (1) + Base (2) == Acid (2) + Base (1) 

with acid (1) conjugate with base (1), and acid (2) conjugate with base (2). 
Particular examples are 

HEt + H,0 = H;0+ + Et- 

H,SO, = “H,O ——— H,;O0+ + HSO,- 

NH,*+ + H,O =~ H;0+* + NH; 

H20 + H,O =~ H;0+ + OH- 

Acid (1) + Base (2) == Acid (2) + Base (1) 

It will be seen that water can be said to act as either an acid or a base. 

4. Effect of solvent on acids and bases. As free H+ ions cannot exist and are 
always solvated, the solvent plays a large part in acid-base considerations, 
and the Brgnsted—Lowry theory is of particular value in elucidating the 
behaviour of acids and bases in different solvents. 

or_protophilic_In an aqueous solution of a strong acid, e.g. hydrochloric 
acid, the equilibrium 

HCi(g) + H,0() == H;0*(aq) + Cl-(aq) 

lies far over to the right, mainly because of the protophilic nature of the 
solvent water. 

In a solvent of glacial ethanoic acid, which is not very ready to accept 
protons, the equilibrium 

HCl(g) + CH3;;COOH() =: CH;-COOH;*+(aq) + Cl-(aq) 

will not lie very far to the right, and hydrogen chloride is a weaker acid in 
glacial ethanoic acid solution than in aqueous solution. Differences in acid 
strength, not readily apparent in aqueous solution, become noticeable in 
glacial ethanoic acid solution, the order of decreasing strength for some 
common acids being HClO, > H,SO, > HCI > HNOs. In 0.005M solu- 
tion in glacial ethanoic acid, for instance, the conductivity of chloric(vm) 
acid is more than fifty times that of nitric(v) acid. 
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In an aprotic solvent, which will not accept protons at all, e.g. a hydro- 
carbon such as methylbenzene (toluene), even the strongest acid exhibits no 
acidic properties. Hydrogen chloride, for example, is soluble in methyl- 
benzene, but the solution is not acidic. 
‘Acidic properties are also lacking in solutions of acids in protogenic 

solvents, e.g. liquid hydrogen fluoride or liquid hydrogen chloride, which 
are themselves proton donors or acidic. In such solvents, an ‘acid’ may, in 
fact, function as a ‘base’. Nitric(v) acid, for example, acts as a base in liquid 
hydrogen fluoride solution. The equilibrium established is 

HF(I) + HNO,() == H,NO,+ + F- 
Acid Base Acid Base 

nitric(v) acid being forced to act as a proton acceptor, i.e. as a base. 
Similarly, nitric(v) acid is forced to act as a base when mixed with 

concentrated sulphuric acid, 

HNO, — > NO,* + OH- 

HNO,(1) + 2H,SO,() —» NO,+ + 2HSO,- + H;0+ 

The resulting NO,*, nitryl cation (nitronium ion), is of importance in 
nitration with mixtures of concentrated nitric(v) and sulphuric(v1) acids. 

So far as the strength of a base is concerned, the solvent has the opposite 

effect to that which it has on acid strength. Basic properties are not evident 

if the solvent is aprotic, but a highly protogenic solvent leads to an increase 

in basic strength, whilst a protophilic solvent produces a decrease. 

The effect of the solvent may be summarised as follows: 

Nature of solvent 

Protogenic 
(Proton-donating) 

Protophilic 

(Proton-accepting) Aprotic 

Strength of acid Increased Nil Decreased 
Strength of base Decreased Nil Increased 

5. Reactions in non-aqueous solvents. Chemical reactions in liquid ammonia 

solution have been extensively studied, following the original investigations 

of Franklin, and, more recently, many other non-aqueous solvents have 

been used. 

Many of the reactions in such non-aqueous solvents are closely related 

to similar reactions in water. Liquid ammonia, for example, is slightly 

ionised, and can act as an acitéhor a base just as water can, 

NH; + NH; == NH,* + NH,- 

H,O + H,O0 == H;0+ + OH- 
Acid Base Acid Base 
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The NH,* and NH,~ ions are related in just the same way as H,0+ and 

OH-~ are. 

A solution of ammonium chloride in liquid ammonia is acidic, just as a 

solution of hydrogen chloride in water is, 

HC] —~> Ht + Cl- 

NH,Cl —> NH,* + Cl- 

Similarly, a solution of sodamide, NaNHz, in liquid ammonia is basic, like 

a solution of sodium hydroxide in water, 

NaOH —> Nat + OH- 
NaNH, —> Nat + NH,- 

Moreover, solutions of ammonium chloride and sodamide, in liquid 

ammonia, can be titrated using phenolphthalein as an indicator, just as 

aqueous solutions of hydrogen chloride and sodium hydroxide can. 

The small ionisation of liquid sulphur dioxide is probably represented by the 
equation, 

2SO, == SO?t + SO,?- 

so that compounds, such as sulphur dichloride oxide (thionyl chloride), which 
dissolve in this solvent to give thionyl, SO?*, ions are acidic, 

SOCI, => SO? + 2C1- 

whilst compounds, e.g. caesium sulphate(1v), which dissolve to give sulphate(t1v), 
SO,7-, ions, are basic, 

Cs,SO3 oe 2Cs* te SO;7- 

Analogous situations are found with other non-aqueous solvents which ionise 
slightly. Examples are provided by liquid hydrogen fluoride, liquid hydrogen 
sulphide, liquid hydrogen cyanide, and bromine trifluoride, 

2HF == H,Ft + F- 2HCN == H,CN* + CN- 
2H.2S a H.S* + SH- 2BrF3 = BrF,t + BrF,~ 

6. The Lewis theory. The idea of acids and bases has been extended still 

further by Lewis, using the following definitions: 

A id i. nce ir of electrons to forma covalent _ 

bond, 
1 I 4 , ? ware f lent 

band, 

For example, 

H+ + :0—-H- == H:0—H 

cl H cl Hu 
ClxB + N,H—>clB:NiH 
Cl H CH 

Acid Base Covalent compound 
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Such ideas widen the conception of acids and bases, perhaps, too far, but 
the Lewis theory does bring out a close relationship between acid—base and 
oxidation—-reduction reactions. 

which is an el -pai r. 
An_ oxidising agent also accepts electrons from a reducing agent, but, in 
this case, the transference of electrons from the reducing agent (electron 

Oo 

Reduction 

Fe*+ + le —— Fe?+ 
Oxidation 

Oxidising agent Reducing agent 
(Electron acceptor) (Electron donor) 

The terms electrophilic (electron-seeking) and nucleophilic (nucleus- 

seeking or electron-donating), widely used in organic chemistry, also apply, 

in the widest sense, to acids or oxidising agents (electrophilic), and bases 
or reducing agents (nucleophilic). 

7. Amphoteric electrolytes. Some substances, known as amphoteric electro- 

lytes or ampholytes, are capable of exhibiting both acidic and basic proper- 

ties, combining with both bases and acids. 

a. Water. Water can act as either an acid or a base (p. 408). 

H,O + H,0 — H;O0+ + OH- 

Acid (1) Base (2) Acid (2) Base (1) 

and it can, therefore, be regarded as amphoteric. 

b. Metallic hydroxides. Certain metallic hydroxides, e.g. zinc, aluminium, 

lead(m), chromium(im) and tin@) hydroxides, are amphoteric. In terms of 

simple equations, they react with acids and with bases to form salts, 

Zn(OH), + 2HCl —~ ZnCl, + 2H,O 

Zn(OH), + 2NaOH —» Na,Zn(OH), (or Na,ZnO, + 2H,0) 
Disodium Sodium 

tetrahydroxozincate  zincate 

Zinc hydroxide functions as a base by ionising to give OH™~ ions which 

can accept a proton from an acid, 

Zn(OH), ——> Zn?*+ + 20H 

It functions as an acid, by reacting with water to_give H* ions, 

Zn(OH), + 2H,0 —» Zn(OH),’?~ + 2H* 
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c. Amino acids. The most interesting ampholytes are those which contain 

quite separate acidic and basic groups within one molecule, and the 

commonest examples of this type are provided by amino acids, e.g. 

aminoethanoic acid, glycine, CH,(NH,)*COOH. 

Such acids will form salts with both acids and bases, e.g. 

CH,(NH,)‘COOH + HCl —> {CH,(NH;3)COOH}* Cl- 
CH.(NH;)-COOH + NaOH —> {CH,(NH,)°COO}- Nat + H,O 

Aminoethanoic acid exists, both in the solid state and, to a large extent 

in solution, as *NH3°CH,°COO7 ions, 

cA | O 
H+ <— N—C-c& 

Lara] O- 
H H 

Such an ion, with a positive charge at one end and a negative charge at the 

other, is known as a zwitterion or a dipolar ion. 

On this view, the acidic function of aminoethanoic acid is due to the 

NH;* end, 

ea emi ) O 
H+ <—_N a ak as ct 

ie | O- | O- H H ane 
whilst the basic function is due to the —CO,~ end, 

He ee + H+ —> ead? 
bel ae Leas Hn pee 

H Eee 

The existence of dipolar ions in aminoethanoic acid is supported by X- 

ray analysis, and accounts for the surprisingly high melting point (above 

230°C), the high dielectric constant in aqueous solution, and the ready 

solubility in water and sparing solubility in most organic (non-polar). 

solvents. 

QUESTIONS ON CHAPTER 37 

1. Explain the meaning of the following terms as applied to an acid or its 
aqueous solution; concentration; strength; basicity. What experiments would you 
make to show that (a) sulphuric(v1) acid is dibasic, (6) hydrochloric acid is 
stronger than sulphuric(v1) acid? (O. & C. S.) 

Bi a term ‘strong acid’ is very commonly used. What, precisely, does it 
mean 
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3. Choose any two chemicals and explain how they can be regarded as acids 
on the various different theories of acid character. 

4. An acid, in elementary chemistry, is sometimes defined as a compound 
which contains hydrogen replaceable by a metal, which will turn blue litmus red, 
and which will react with metallic carbonates to yield carbon dioxide. To what 
extent is this a satisfactory definition of an acid? 

5. Comment on the definition of an acid as a substance giving rise, in solution, 
to a cation characteristic of the solvent. 

6. Comment on the following statements: (a) The carbonate ion is a fairly 
strong base. (6) The ionisation constant of an acid, HA, in aqueous solution 
measures the competition for protons between water and A~ ions. (c) No acid, 
in aqueous solution, can be stronger than H;O*. 

7, What is an acid ? Illustrate, by means of examples, the factors influencing the 
strength of an acid. (O. Schol.) 

8. Define what you mean by the strength of an acid, and describe methods of 
measuring it. Discuss the reaction between sulphuric(v1) acid and sodium 
chloride in terms of the relative strengths of sulphuric(v1) and hydrochloric 
acids. (O. Schol.) 

9. What do you understand by the terms acid, base and salt? Into which of 
these classes would you place H,0, NaHSO,, NH,+, CuO, C;H;OH and 
CH3COO~ ? Give your reasons. 

10. The most important acid is a proton. Discuss this statement. 
11. What are the conjugate bases of the following when they act as monobasic 

acids: HCl, HNOs, H3PO,, H,O, H30+, CH,COOH, NH,’*, HSO,7~ and 

HCO,~ ? Which of these conjugate bases can still be regarded as acids? 
12. Illustrate the statement that salts which contain an ion which can act asa 

base are more soluble in dilute acids than in water. 
13. Which of the following are to be regarded as acids or bases or both: 

HSO,~, HCO;~, H,PO,~, NH,+, OH~, H.0, H;0*+, CO,’~, NH3? Give your 
reasoning. 

14. The greater the number of oxygen atoms in a molecule of an oxy-acid of an 
element, the greater is the strength of the acid. Illustrate and discuss this state- 
ment. 
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Hydrolysis of salts 

1. Results of hydrolysis. A salt may be regarded as formed, together with 

water, by the reaction of an acid and a base, e.g. 

HA + BOH —- BA + H:20 

Acid Base Salt 

where A is an anion and B a cation. 

If such a reaction is reversible, a solution of a salt in water will contain 

some acid and some base, and if the acid and the base are not of equal 

strengths the solution will be either acidic or basic, the equilibrium 

between H+ and OH7 ions in water being disturbed. 

When this happens, salt hydrolysis is said to have taken place, and the 

nature and extent of the hydrolysis depends on the strengths of the acid and 
base from which the hydrolysed salt can be formed. 

a Salt of strong acid and strong base. Such salts, e.g. sodium chloride, 

sodium sulphate(v1) and potassium nitrate(v) are not hydrolysed, and their 

aqueous solutions are neutral, with a pH of 7. 

In a solution of sodium chloride in water, for example, there are Nat, 

Cl~, Ht and OH7 ions present, but, as sodium hydroxide and hydrochloric 

acid are both fully ionised there is no tendency for reaction between Na+ 

and OH ions, or between H* and Cl- ions. The H*+ and OH7- ion concen- 
trations remain as they are in pure water. 

b. Salt of weak acid and strong base, e.g. sodium ethanoate, potassium 
carbonate, potassium cyanide and sodium sulphide. 

Taking sodium ethanoate (NaEt) as an example, the situation existing in 
its aqueous solution may be summarised as follows: 

NaEt—» Na+(aq) + Et-(aq) 

= + 
H,0 => OH-(aq) + Bes) 

NaOH HEt 
(Strong) (Weak) 

ormation of molecul wi ic aci * jons 

The hydrolysis may be referred to as anion hydrolysis, 

Et" (aq) + H,O(l) = HEt + OH ~(aq) 

the Na* cation playing no significant part in the process. 
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c. Salt of strong acid and weak base. The situation in a solution of am- 

monium chloride may be summarised as follows: 

NH,Cl —»> NH,+(aq) +  Cl-(aq) 

ar + 

H,0 OH eea) +  H*(aq) 
} 

NH; + H,0 HCI 
(Weak) (Strong) 

Here, the removal of OH~ ions from the solution leaves an excess’ of H* 

ions and the solution is acidic. 

NH,+(aq) + H,O(0) == NH,OH + H*(aq) 

As NH,OH is itself unstable, 

NH:0OH —> NHs + H2O 

the hydrolysis may be written as | 

NH,*(aq) + H,O() == NH;(g) + H,00) + H*(aq) 
or 

NH,*(aq) ==> NH;(g) + H*(aq) 

The hydrolysis is, therefore, partially due to the dissociation of NH,* ions. 

The acidity of a copper(m) sulphate(v1) solution may be explained in a 

similar way. An over-simplified summary shows 

CuSO,—e Cu’t(aq) + SO,?-(aq) 
ata aa 

2H,0 ==. cary eae + 2H*(aq) 

1 

Cu(OH) 2 H,SO, 

(Weak and (Strong) 
insoluble) 

the acidity being attributed to the removal of OH~ ions in the formation of 

copper(I) hydroxide. 

The hydrolysis of metallic cations is, however, more complicated, and the 
insoluble metallic hydroxide is rarely formed. Copper(m) sulphate(v1), for ex- 
ample, contains Cu(H,0),2* ions rather than simple, unhydrated Cu’* ions, and 
the hydrated ions dissociate in the same way as the NH,* ion dissociates, 

NH,* (aq) —> NH,(g) + H*(aq) 
Cu(H,0),?+ (aq) —> Cu(H,0),;0H*(aq) + H*(aq) 

Cu(H,0);0H* (aq) —> Cu(H,0).(OH),2 + H*(aq) 
Cu(H,0),(OH), _—_ Cu(OH), + 2H,0 
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Formation of an insoluble metallic hydroxide is only the final stage, and is 
preceded by the formation of soluble hydroxyl complexes. Actual Precipitation 
of insoluble hydroxides will only occur, generally, if the H+ ion concentration is 
lowered by adding OH“ ions. 

Hydrolysis of any AB salt, where B is the radical of a strong acid and Aisa 
trivalent metallic ion or Zn?*, Cd?+, Hg?+ or Pb?*+, occurs by the formation of 
similar hydroxyl complexes. 

d. 7 ; 

» and the resulting solution may be acidic, neutral or alkali 3 : : 

A solution of ammonium ethanoate is approximately neutral (pH = 7), 
hydrolysis of Et- ions being just about balanced by hydrolysis of NH,+ 
ions, 

Et~(aq) + H,0(1l) —> HEt + OH~(aq) 

NH,* (aq) + H2O(l) —> NH;(g) + H,O() + H*(aq) 
Ammonium carbonate solution, in comparison, is alkaline. 

2. Hydrolysis of acid salts. The pH _of a solution of an acid salt is deter- 

For sodium hydrogencarbonate, NaHCo,, sales hydrolysis leads to 

HCO;~ (aq) + H,0() —» H,CO, + OH ~(aq) 
whereas dissociation of the anion leads to 

HCO;~ (aq) —> CO,?~(aq) + H+(aq) 
The hydrolysis predominates, as HCO;> is such a very, very weak acid 
(K = 6 x 10711, p. 375), so that a solution of sodium hydrogencarbonate 
is alkaline, with a pH of 8.3 ata concentration of 0.1 mol dm~-3. 

With sodium hydrogensulphate(rv), 

HSO;~(aq) + H,0() —> H,SO,; + OH-(aq) 
HSO;~ (aq) —> SO,?-(aq) + H*(aq) 

The HSO;~ ion is a stronger acid (K = 1 x 10-7) than HCO,~7 and it 
dissociates more than it is hydrolysed. A solution of sodium hydrogen- 
sulphate(tv) is, consequently, acidic, with a pH of about 5. 

3. Hydrolysis constant. The general equation for the hydrolysis of a salt 
may be written as 

BA + H,O = HA + BOH _ 
and the equilibrium constant for such a hydrolysis is given by 

[HA][BOH] m4 

‘TBA][H20] — , 
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‘ Pei . ; aa se 

may_be_regarded_as_constant(p..390)-so that 

[HA][BOH] 2 
shee T BAT Pie oi 

and the resulting equilibrium constant is known as the hydrolysis constant} » 
of BA. In more general terms, it can be expressed as 

[Free Acid][Free base] 

[Unhydrolysed salt] _ Ke 

a. Salt of weak acid and strong base. Anion hydrolysis. The general equa- 

tion becomes 

B*(aq) + A (aq) + H,0() == HA + B*(aq) + OH~(aq) 

P A~(aq) + H,0() == HA + OH~(aq) 

and the hydrolysis constant is given by 

{[HA][OH=] _ 
BACT Oe Ki 

In the solution, 

(H*][OH-] = K, (ionic product of water, p. 391) and 

[Ht][A7] : Be 
—___— = K, (dissociation constant of HA, p. 375). 

It follows, by eliminating [Ht], that 

b. Salt of strong acid and weak base. Cation hydrolysis. The corresponding 

equations are 

B*(aq) + H,O() == Ht(aq) + BOH 

[H*][BOH] _ BSE [B+[OH-] _ 
Ky 

Ky 
pina 

c. Salt_of weak acid and-weak_base. This involves both anion and cation 
hydrolysis, and the equations concerned are 

[HA][BOH] 
B+(aq) + A-(aq) + H,O0() == HA + BOH “TB*}[Aq]_ = K, 

: Fs (H*}[A7] _ [B+][OH7] _ 
{H ][(OH ] aaa Ky [HA] cry K, [BOH] re K, 

Kn = Kw 
K,Ky 
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d. Summary. The relationships between K,, Ky, K, and K;, are as follows: 

Salt of weak acid Salt of strong Salt of weak acid 
and strong base acid and weak base and weak base 

Ky ee 
snare 3 Cm 

4. s e eS . . . 

Se oe = ua er : : Z ; : zs ( 

a. Salt of weak acid and strong base. If 1 mol of a salt, BA, in V dm? of 
solution has a degree of hydrolysis, h, the resulting concentrations at 
equilibrium will be given, in mol dm~3, by 

A-(aq) + H00) ==. HA 4. OH ~(aq) 

1=h h h 
V V V 

It follows that 

[HA][OH-] a cee BX aL h? 
[A~] OSE SEAR Pe es h)V 

and this gives the relationship between degree of hydrolysis and hydrolysis 
constant. The degree of hydrolysis depends on the concentration of salt, 
i.e. on V. 

If h is small as compared with 1, 

Kp Vv 

and the degree of hydrolysis bears the same relation to the hydrolysis 
constant as the degree of ionisation does to the ionisation constant (p. 373). 
As K,, 7 K,/Ka, 

> 
- 

= KV 

Ka 
The degree of hydrolysis of sodium ethanoate in 0.01M_ solution can easily be calculated as follows: Lp ol a A ceks 

~ 
and = Fairs x! 

al ( 
c Key 10H ve AN pat eoeuithiok ee eee ie 

14 | h= [Perm L100 = 2.54 x 10 or 0.0254 per cent. 
In 0.1M solution, the degree of hydrolysis would be given by 

] —14 

h=,/ moe = 0.745 x 10-* or 0.00745 per cent. 
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By comparison, the degree of hydrolysis of sodium cyanide is 3.77 x 1072 
or 3.77 per cent in 0.01M solution, and 1.18 x 10-2 or 1.18 per cent in 0.1M 
solution. These values are bigger than the corresponding values for sodium 
ethanoate, as the dissociation constant for hydrogen cyanide (7.2 x 10-?°) 
is smaller than that for ethanoic acid (1.8 x 10-5). 

For a salt of a weak acid and a strong base, the OH~ ion concentration is 
equal to h/V mol dm~*. The H* ion concentration is, therefore, K, x V/h, 
and, as 

it follows that 

ke ——, 
("=i KV 7|VKvKaV 

The pH of the solution will be given by 

pH = —log [H*] = —4 log K, — $ log K, —4 log V 

The pH of 0.01M sodium ethanoate, for example, will be 

—t log 10-14 — 4 log (1.8 x 10-5) — 4 log 100 

Te. 7+ 2.37—1, or 8.37 

b. Salt of strong acid and weak base, 

B+(aq) + H,O(l) —> H*+(aq) + BOH 
As before, 

Hama ts 
segdaEV cy 

or, in this case, 

Ryn fen 
pa V and We Kak 

The H* ion concentration is A/V, or 

h KyV J KS 
€ == — == wv — = => 

ely Ser Kev KV 
so that 

pH = —log [H*] = —4 log K, + 4 log Kk, + 4 log V 

The dissociation constant for ammonia is 2.3 x 10-°, so that, in 0.1M 
ammonium chloride solution, 

ies 107" x 10 
Been 213 10° 

and the pH is given by 

pH = —4 log 10-4 + 4 log (2.3 x 10-*) + § log 10 

= 7 — 2.32 +0.5 = 5.18 

= 6.6 x 10-5 or v.0066 per cent 
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c. Salt of weak acid and weak base. 

B*(aq) + Av-(aq) +H,00) == HA + BOH 
1—h 1—h A A 

V Vv V V 

The concentrations, at equilibrium, will be as shown, and 

K= [HA][BOH] _ h[V x h[V h? 1 = 
“(BYA-] G—-AVxd—-hAV A—h 

Here, the relationship between K, and h does not involve V, and the 

degree of hydrolysis is independent of the concentration of the solution. 
The H* ion concentration is given by 

eS 

| KK. pred. wha 

and the pH by : ; 

pH = —log [Ht] = —4 log K,, — 4 log K, + 4 log K, 

5s Thea ; eee 

a. Salt of weak acid and strong base. 

.. fh ae me fe ak [H+] = VK.KV 

pH = —} log K, — 4 log K, — 4 log V 

b. Salt of strong acid and weak base. 

2 2 ; Ke 

w= E-goaysy, Ws fe 
pH = —} log K, +4 log K, +4 log V 

c. Salt of weak acid and weak base. 

mo Reba h? ga as KK 

“= KR O— Ei Nosy 
pH = —4 log K, — 4 log K, + 4 log K, 

6. Measurement of degree of hydrolysis. Degrees of hydrolysis can be 
calculated from K;, values, which, in turn, may be obtained from Kao Kc 
and K, values. The degree of hydrolysis of a salt may also be measured 
directly, and K;, values can be calculated from the measured value. 

a. Measurement of H* ion concentration. When hydrolysis takes place, 
the H* ion concentration in the resulting solution is no longer 10-7 mol 
dm~? as it is in pure water. Measurement of the actual H+ ion concentra- 
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tion in a salt solution, using any of the methods described on pp. 402-4 . 
can, therefore, be used to find the degree of hydrolysis of a salt. 

The measured H* ion concentration in 0.1M sodium ethanoate, for 

example, is 1.34 x 10-° mol dm~*. The hydrolysis taking place is repre- 
sented by 

Et~ + H,O —> HEt + OH- 

The OH~ ion concentration must be 10~1*/(1.34 x 10-°) mol dm~? 

and this must be the number of mol dm~? of Et~ ion which has been 

hydrolysed. The original concentration of Et~ ion was 10-1 mol dm~?, so 

that the fraction hydrolysed must be 

102 
[340 1077 071 = 7:46 x 10-* = or ~—0,007 467 per cent 

and this is the degree of hydrolysis (p. 418). 

b. Partition method. Chemical analysis of the equilibrium mixture existing 

in a solution of a hydrolysed salt would upset the equilibrium, but the 

concentrations of the substances present can sometimes be found by a 

partition method. 
Phenylamine (aniline) hydrochloride or phenyl ammonium chloride, for 

example, is a salt of the strong acid, hydrochloric acid, and the weak base, 

phenylamine. It is hydrolysed in the same sort of way as ammonium 

chloride (p. 415), ; 

C.H;-NH3* == C.H;'NH, + H* 

A known mass of phenyl ammonium chloride is shaken with a known 

volume of water, and a known volume of benzene is added. The free 

phenylamine formed by hydrolysis in the aqueous layer is soluble in the 

benzene layer. If the partition coefficient for phenylamine between water 

and benzene is known, the concentration of the free phenylamine in the 

aqueous layer can be obtained by measuring the amount of free pheny]- 

amine in the benzene layer. This can be done by precipitating the phenyl- 

amine in a withdrawn portion of the benzene layer by passing in hydrogen 

chloride and weighing the phenyl ammonium chloride formed. This will 

not upset the equilibrium in the aqueous layer. 

The original amount of phenyl ammonium chloride is known, and the 

amount of free phenylamine formed from it (some in the aqueous, and 

some in the benzene, layer) is also known. The amount of H* ions formed, 

in moles, is equal to the total amount of phenylamine formed, in moles, 

and all the H* ion will be in the aqueous layer. The amount of unhydrolysed 

phenyl ammonium chloride will be equal to the original amount (in moles) 

minus the total amount of phenylamine formed (in moles), and all the 

unhydrolysed salt will be in the aqueous layer. 
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Thus the concentrations of phenyl ammonium chloride, phenylamine 

and H* ions in the aqueous layer can be calculated, and K;, obtained, 

a [C-Hs"NH2][H*] 
: [CeHs‘NH3*] 

The degree of hydrolysis of the phenyl ammonium chloride can be calcu- 

lated from the K;, value, 
h 

Ans (i ye 

QUESTIONS ON CHAPTER 38 

1. What is meant by the term hydrolysis? Discuss briefly three examples from 
inorganic chemistry, and three from organic chemistry. 

2. What do you understand by (a) the hydrolysis of a salt, (6) the hydrolysis of 
an ester, (c) the hydrolysis of an acid chloride? Give two examples of (a) and one 
each of (6) and (c). What tests would you apply in each case to show that hydro- 
lysis has taken place? (O. & C.) 

3. Give illustrative examples to show the difference between (a) anion hydro- 
lysis, (b) cation hydrolysis, (c) hydration, (d) dehydration, (e) dehydrogenation. 

4. Hydrolysis is a term used very widely in chemistry. Illustrate its various 
usages. 

5. Explain why solutions of aluminium salts and of sodium hydrogen- 
sulphate(v) are acidic whilst solutions of sodium sulphide, sodium phosphate(v) 
and sodium hydrogencarbonate are alkaline. 

6. Explain why there is a large evolution of heat when anhydrous aluminium 
chloride is dissolved in water and why the resulting solution is acidic. 

7. Explain why (a) a solution of sodium dihydrogenphosphate(v) is slightly 
acidic, (b) a solution of disodium hydrogenphosphate(v) is distinctly alkaline, 
and (c) a solution of sodium phosphate(v) is still more strongly alkaline. 

8. Write equations to show the various stages in the hydrolysis of hydrated 
aluminium salts containing Al(H,0),°* ions and of hydrated iron(m) salts con- 
taining Fe(H,0),3* ions. 

9. Solid, hydrated iron(m) alum is pale violet in colour. Solutions of iron(m) 
salts in water are generally yellow-brown, but become violet in colour if strongly 
acidified. Account for these facts in terms of the extent of hydrolysis into hydroxy- 
complexes. 

10. What is the pH of a 0.01M solution of sodium ethanoate if the dissociation 
constant of ethanoic acid is 1.8 x 10-5 mol dm=3? 

11. Calculate the percentage degree of hydrolysis in an 0.1M solution of 
ammonium chloride if the ionisationconstant of ammonia is 1.8 x 10-5moldm73. 

12, What is the pH of the solution obtained when an 0.1M solution of an acid 
with dissociation constant 1.8 x 10-5 mol dm~° is just neutralised by a strong 
pone What indicator would you suggest might be best used in a titration of this 
sort? 

13. How many grammes of sodium ethanoate must be added to 500 cm? of 
water to give a solution with a pH of 8.52? The dissociation constant of ethanoic 
acid is 1.75 x 10-5 mol dm=3. 

14, If the dissociation constants of hydrocyanic acid and ammonia are 7.2 
x 10-19 and 1.8 x.10-5 mol dm~? respectively, what is the pH of an 0.05M 
solution of ammonium cyanide? 
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15. Would it be possible to estimate sodium hydroxide and ammonia in a 
solution of the two in water by direct titration with hydrochloric acid using 
two indicators, one of pK 11 and the other of pK 4? 

16. Prove that, for a mixture of a weak acid and one of its salts, 

pH = pK, + log [salt]/[acid] 

Use the relationship to plot a graph showing how the pH of a mixture of a weak 
acid (ionisation constant = 10-*) and one of its salts varies with the salt/acid 
concentration ratio.. 
AT. The hydrolysis constant of ammonium chloride is 10-%. The pH ranges of 

Anethyl orange and methyl red are 3.1-4.4 and 4.2-6.3 respectively. Which of 
these indicators would you prefer in the titration of ammonia with hydrochloric 
acid ending with ammonium chloride in (a) molar, (b) centimolar concentration? 

18. The distribution coefficient, C,/C,,, for phenylamine between benzene and 
water is 10 at 25°C. After 0.0273 mol of phenylamine hydrochloride had been 
shaken with 1 dm? of water and 500 cm? of benzene at 25°C until equilibrium had 
been established, 0.00165 mol of phenylamine were found in the benzene 
layer. Calculate the hydrolysis constant of phenylamine hydrochloride. 
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Chapter 39 

Cells 

1. The Daniell cell. Chemical reactions often release energy, most com- 
monly as heat, but in electrical cells_a chemical reaction takes_place and 

releases some.of its energy in the form of electricity. 

The Daniell cell provides a simple example. Essentially it consists of a 

rod of zinc immersed in zinc sulphate(v1) solution and a rod of copper 

immersed in copper(m) sulphate(v1) solution, the two solutions being kept 

apart, though in electrical contact, by_a porous pot (Fig. 136). 

Conventional flow 
Flow of 

electrons 

ZnSO4 
solution 

CuSO4 
solution 

Zn —> Zn** + 2e } Cu2*++2e—> Cu 

Porous partition 

Fic. 136. A Daniell cell 

If the zinc and copper rods are connected by a wire, a current will flow. 
The copper is referred to as the positive pole, and the zinc as the negative 
pole. The current is said to flow, conventionally, from the copper to the 
zinc in the external circuit. This corresponds, as will be seen, to a flow of 
electrons from zinc to copper in the external circuit. 
How does the current originate? The zinc rod is in contact with Zn2* (aq) 

ions, and some zinc atoms from the rod form Zn?+ ions by the loss of two 
electrons, 

Zn(s) —> Zn?*(aq) + 2e 

The zinc ions pass into solution whilst the liberated electrons are free to 
flow away from the zinc rod. The copper rod is in contact with Cu?+ 
ions. Here, some Cu?* ions deposit on the copper rod and are discharged 
(converted into atoms) by taking up electrons, 

Cu?*(aq) + 2e —> Cu(s) 

The flow of electrons from the zinc rod to the copper rod constitutes the 
current. 

The-two.electrode-processes, each comprising what is known as a half: 
cell, taken together make up the reaction, 

Zn(s) + Cu?*(aq) -—> Zn?*(aq) + Cu(s) 
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and this is the chemical reaction taking place in the cell, liberating energy 
as electricity. As the reaction proceeds, the zinc rod decreases in mass whilst 

the copper rod increases. The concentration of Zn?* ions increases, whilst _ 
that of Cu?* ions decréases. 

isa- The direction of the current is controlled by the relative ease_of ioni 

tion_of_zinc_and_copper atoms. Zinc will form ions more readily than 

copper (p. 428) and this is why electrons flow from the zinc to the copper. 

If a rod of magnesium in magnesium sulphate(v1) solution replaced the 

copper rod in copper(m) sulphate(v1) solution, the flow of current would be 

reversed, i.e. the zinc rod would be the positive pole of such a cell. . 

2. Electric potentials. The conversion of zinc atoms into zinc ions in one 
half of a Daniell cell means that the zinc rod becomes negatively charged 

Zn rod Cu rod 
(-ve electrode ae (+ve electrode 

potential) potential) 

t+eet + 

Fic. 137. Helmholtz double layers. 

with respect to the solution surrounding it. If the cell is disconnected in the 
external circuit, this_negative charge will build up making the loss _of_ 

positively charged zinc ions more.and_more. difficult, as the zinc rod will. 

increasingly_attract..zinc_ions_rather_than_release_them._Eventuaily, an 

equilibrium _position-will be_established. 
The situation is conveniently represented by what is known as a Helm- 

holtz double layer (Fig. 137) and the zinc rod is said to have a negative 

electric potential. The tendency for a metal to lose ions toa surrounding 

t for ions to deposit on a metal from a solution if known as the 

deposition pressure. For a zinc rod in contact with an M solution of zinc 

ions, the electrolytic solution pressure is greater than the deposition pres- 

sure. This gives rise to the negative electric potential. 

For a copper rod immersed in copper(m) sulphate(vi) solution of M con- 

centration, the deposition pressure is greater than the electrolytic solution 

pressure. Cu?* ions therefore deposit on the copper rod, giving it a positive 

charge in respect to the solution. As-this-positive-charge builds upon the_ 

rod the deposition of further ions is hindered by repulsion, until, in the end, 
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a 

Positive electric potential (Fig. 137). 
. . 

. ms 

remains constant but the deposition pressure decreases as the concentration 
of ions decreases. Electric potential values therefore fall_as the concentra- ; fie etietel Pandas ; : ; 

ea 

3. Measurement of standard electrode potentials._A_single electric potential 
of_a_metal_cannot_be_measured’ absolutely. To measure the potential 
difference between a metal and a solution necessitates the making of 

<— H, at 101.325kN m2 

Acid solution 
[Ht]=1mol dm? 

Pt foil coated with Pt black 

Fic. 138. A simple standard hydrogen electrode. 

electrical connection between the metal and the solution. The connection 
to the solution could only be made by immersing some other metal in the 
Solution, and this would introduce another electric potential. 

The difficulty is overcome by using an arbitrary, relative scale of measure- 
ment based on a standard hydrogen electrode (Fig. 138). 

Hydrogen gas, at 101.325 kN m~2 pressure, is bubbled over a platinum 
electrode coated with platinum black and immersed in an acid solution 
with a H* ion concentration of 1 mol dm~3, The hydrogen is adsorbed on 
the platinum black and an equilibrium is set up between the adsorbed layer 
of hydrogen and the hydrogen ions in the solution, 

H(g) == H*(aq) + le or +4H,(g) == H+t(aq) + le 

This, then, fixes a scale against which other relative electrode potentials, 
or electrode potentials, can be measured. The values depend on the metal 
used, on the concentration of metallic ions with which it is in contact, and 
on_the temperature. When the ionic concentration is 1 mol dm~ the 
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electrode potential value is known as the standard electrode potential. 

Values are commonly quoted at 25°C and signified as E°. 

isti i a cell 

Standard 
hydrogen 
electrode 

[Zn?*] =I moldm? 

Fic. 139. The arrangement for measuring the sthudard electrode potential 
of zinc against a standard hydrogen electrode. The e.m.f. of the cell is 

—0.76 volt, giving a standard electrode potential for zinc of —0.76 volt. 

electrode. The two electrodes, or half-cells, are connected by a salt bridge 
of potassium chloride solution so that the overall e.m.f. can be measured 
as in the apparatus shown in Fig, 139. 

The e.m.f. of the cell is measured 

rie pride by using a potentiometer and the 
value at 25°C is measured as — 0.76 
volt. It is the electrode potential of 

the standard zinc electrode (—0.76) 

minus that of the standard hydro- 

Pore. gen electrode (0). 
‘ Other standard electrode poten- 

Solid Heals tials can be measured in the same 

Fic. 140, A simple calomel electrode. way.Experimentally, however, it is_ 
more convenient to use a reference 

electrode_other.than.a_standard hydrogen.electrode, and this can be done 

so long &s the electrode potential of the reference electrode used_is known — 
in_relation to_the-standard_hydrogen-electrode.— 

A-calomel electrode (Fig..140) is often used as it is more permanent and 

more.easily handled than a hydrogen electrode. The electrode potential of a 

decimolar calomel electrode relative toa standard hydrogen_electrode_is 

+0.334, It is, therefore, necessary to_add_0.334_volt.to_the_value_of any 

electrode potentials measured against a calomel electrode to obtain the 
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value relative to a standard hydrogen electrode. The standard electrode 

potential of zinc, for instance, referred to a decimolar calomel electrode 

is — 1.094 volt. Other electrodes can be used instead of the calomel electrode. 

4. Values of standard electrode potentials. The numerical values of standard 
electrode potentials are measured on an arbitrary scale, and the sign to be 
allotted to them is also a matter of choice. In this book an electrode is Sa itive I i sak wis iets ite Sith 

respect .to.the. solution with which it isin. contact. Similarly, an electrode 
with.a negative-electrode potential is. negatively charged-with respect-to its 
surrounding solution. — 

This sign convention is recommended by the International Union of Pure and 
Applied Chemistry, though it is not always used in America. The IUPAC sign 
convention has the advantage of providing that an electrode with a positive elec- 
trode potential forms the positive pole when combined with a standard hydrogen 
electrode. Moreover, in any cell, the positive pole will be the electrode with the 
highest positive electrode potential; the negative pole will be the electrode with 
the highest negative electrode potential. It is essential in interpreting quoted 
values of electrode potentials to be sure what sign convention is being used. 

Agdu of iV 
Values of some common standard electrode; potentials at 25°C are given 

in the table below. 

Fe?* + 2e —-» Fe 
Kt + le—>K Co?* + 2e —> Co 
Ba?* + 2e —> Ba Ni?* + 2e —> Ni 
Ca?*+ + 2e —»Ca Sn?*+ + 2e —> Sn 
Nat + le—>Na Pb** + 2e —» Pb 
Mg?* + 2e —> Mg Ht + le—>4H, 
Als+ + 3e —> Al Cu? + 2e —> Cu 
Zn?* + 2e —> Zn Agt + le—>Ag 

‘ 

OXIALLeINg It will be seen that the most electropositive metals, i.e. those with the lowest iA electronegativity, have the highest negative standard electrode potentials. This) 
is a disadvantage of the IUPAC convention, for it can be argued that a highly 
electropositive metal ought to be given a big positive electrode potential. 

The electrode written in the table above as Lit + le —> Li may also 
be written as Lit /Li, but it is conventional to write the more oxidised state 
first, i.e. the electrode process is taken as a reduction. 

5. The e.m.f. of cells. An electrode with a negative standard electrode 
potential will be more negative than a standard hydrogen electrode, ice. it 
will form the negative pole when combined with a standard hydrogen 
electrode. 
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The standard electrode potential of zinc is —0.76. When combined with 

a standard hydrogen electrode, as in Fig. 139, the cell is written as follows: 

r meoee <---- Flow of electrons in external circuit ----- <----5 

H,/Pt | H*(aq)(1 mol dm-*) —}—Zn®*(aq) (1 mol dm=*) | Zn 
+ve pole —ve pole 

(H+ + le —>4H,) (Zn —> Zn?* + 2e) 
It i e l ite the hyd I ] eich 1th 

of a cell as written above is given a sign which indicates the polarity of the 

right-hand electrode. The e.m.f. of the cell is, then, —0.76 volt, this being 
made _up_ of the standard electrode of the right-hand electrode minus that 
of the left-hand one. Writing the cell in this way is taken as implying the 

cell reaction 

H,(g) + Zn’*(aq) —> Zn(s) + 2H* (aq) 

and the negative e.m.f. value (corresponding to a positive AG value, 
(p. 542) indicates that it is the reverse of this reaction, ie. 

Zn(s) + 2H*(aq) —> Zn’*(aq) + H,(g) 

which is spontaneous (with a positive e.m.f. value and negative AG). The 

liberation of hydrogen explains why metals with negative electrode 

potentials will, generally liberate hydrogen gas when placed in dilute 

acid. 
A cell made up of a standard copper electrode and a standard hydrogen 

electrode is written as follows, and will have an e.m.f. of +0.34 — 0.0, 

ie. + 0.34 volt. 

H,/Pt | H*(aq) (1 mol dm~%) } Cu?*(aq) (1 mol dm~%) | Cu 

(4H, —> H* + le) (Cu2t+ + 2e —> Cu) 

++ ve pole 

‘In a Daniell cell, using standard electrodes, the arrangement is 
| 

Zn | Zn?*(aq) (1 mol dm~*) } Cu?*(aq) (1 mol dm~%) | Cu 
(Zn —> Zn?* + 2e) (Cu?* + 2e —> Cu) 

and the e.m.f. is +0.34 — (—0.76), i.e. +1.10 volt. 

6. Concentration cells. The standard electrode potential is measured when an 
is i i i i concentration of 1 mol dm=°. 

If the solution has a lower concentration of ions the electrode potential will 
have a lower numerical value. The standard electrode potential of copper, for 
example, is 0.344. The electrode potential of copper in contact with 0.01M 
copper (1) sulphate (v1) solution is 0.285. 
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A typical concentration cell is 
represented as follows: 

—ve Pole +ve Pole 
Cu | Cu?* (aq) (0.01M) Cu?*(aq) (1M) | Cu 

(Cu —» Cu?t + 2e) (Cu?* + 2e —» Cu) 

Such a cell would give an initial e.m.f. of 0.344-0.285, i.e. 0.059 volt. Cu2* ions , 
will deposit on the right-hand electrode from the more concentrated solution 
more readily than on the left-hand electrode from the weaker solution. Copper 
atoms, therefore, form Cu’* ions at the left-hand electrode, whereas Cu2+ ions 
form copper atoms at the right hand. Eventually, the two solutions will have equal C24 j : : 

A theoretical, thermodynamic treatment shows that the electrode potential, 
E,,, of a metal, M, in contact with its ions, M7+ at a concentration of [M?*] is 
related to its standard electrode potential, Em®, by the relationship, 

RT = oy a z+ eet oF log. [M7*] 

where R is the gas constant, F the Faraday constant, T the absolute temperature 
and z the valency of the ion concerned. 

Using numerical values of R and F, ata temperature of 25°C, 

Era rs Be ci 7.05? joie [M?*] 

It follows that the electrode potential of any metal is lowered by 0.059/z volt for 
each 10-fold lowering of the ion concentration, z being the valency of the ion. 

The e.m.f. of a given concentration cell between two electrodes, 1 and 2, with 
ionic concentrations of c, and c, will be given by E, — E, or 

0.059 0.059 0.059 Bo, &3 
Z, z z S10 Ch 

{Ba ae logio es} — {En® cf logio ci} or 

For the copper cell represented above, the e.m.f. will be 0.059 volt. 

7. Measurement of H+ ion concentration. The H* ion concentration in a 

hydrogen electrode immersed in the solution. If the H+ ion concentration 
in the solution is 1 mol dm~3, the electrode potential will be equal to the 
standard hydrogen electrode potential, i.e. zero. For a H+ ion concentra- 
tion greater than 1 mol dm~3, the electrode potential will be positive. For 
a concentration less than 1 mol dm~3, it will be negative. » 

Measurement of the e.m.f. of the concentration cell 

H,/Pt | H*(aq) (1 mol dm~*) } H*(aq) (unknown) | H,/Pt 
standard - unknown 

H electrode H electrode 

can, therefore, be used to measure unknown concentrations of H+ ion. 
The e.m.f. will be equal to 0.059 logo c, where c is the unknown H?* ion 
concentration in mol dm=-3, 
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To get the value_of thee.m.f.of the above.cell itis more convenient_to 

use _some electrodes other than a standard hydrogen_electrode..A calomel. 

electrode _(p. 427) can be used, for instance, the necessary numerical 
adjustment_being made for the potential difference between a_calomel 

electrode andthe standard hydrogen electrode(p. 426). 

A cell of the type described can be calibrated directly in units of pH and 

used to measure the pH of a solution directly. Such an instrument is 

known as a pH meter. A variety of such meters are available in a portable 

form. They often incorporate a glass electrode, which depends for its 

functioning on the fact that the potential drop across a thin glass membrane 

separating two solutions is related to the differences in pH of the solutions. 

8. Potentiometric, electrometric or conductimetric titrations. The H* ion 

concentration, or pH, of a solution changes during an acid—alkali titration, 

there being a marked change at the end-point (p. 394). The end-point can 

be conveniently obtained by measuring the pH 

electrically, and continuously, as the titration is 

carried out. 

This can be done using a pH meter immersed 

in the solution being titrated and recording the 

pH after each addition from the burette. In this 

way, PH curves, as shown on p. 394, can be 

obtained experimentally. 

Alternatively, a hydrogen electrode can be im- 

SL areal: ADDERS mersed in the solution being titrated and con- 

nected to a reference electrode such as a calomel 

Fic. 141, The change in gtectrode, The change in pH during the titration 
conductivity as a strong Z i 
alkali is added to (a) a can be followed by measuring the change in e.m.f. 

strong acid, (6) a weak between the two electrodes. 
acid. Such a procedure is known as a potentiometric 

or electrometric titration. One of the advantages 

of the method is that it can be used with coloured solutions where indi- 

cators are not suitable. 

n_a similar tivi f lution being tit e 

measured. At the end-point there is a sharp change of conductivity. Such a _ 

titration is known as a conductimetric titration (Fig. 141). 

-_ o ~— 

=~ Lom —— CONDUCTIVITY —> 

QUESTIONS ON CHAPTER 39 

1. The theoretical treatment of the Daniell cell is simple and straightforward. 
What snags arise in practice? 

2. What e.m.f. is obtainable from a cell made up of a standard zinc and a 
standard silver electrode? Which is the negative pole of the cell, and at which 
pole does oxidation take place? 

3. What is meant by describing one metal as more electro-positive than 
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another? Briefly describe three experiments by which you could show that zinc 
is more electro-positive than copper. 

4. The statement that zinc replaces copper from solution means that at equi- 
librium the ratio of copper(m) ion concentration to zinc ion concentration is 
very small. Explain, in more detail, what this statement means. 

5. What are the advantages and the disadvantages of the sign convention 
chosen in this chapter for electrode potentials? 

6. What will be the e.m.f. of a cell made up of a zinc rod immersed in 0.05M 
zinc sulphate solution and a decimolar calomel electrode? 

7. The e.m.f. of a cell made up of a saturated calomel electrode and a standard 
hydrogen electrede is 0.248 volt. What will be the standard electrode potential 
of (@) lead, and (6) copper when referred to a saturated calomel electrode? 

\ _ 8. The standard electrode potential of zinc referred to the standard hydrogen 
trode is —0.76. Referred to a decimolar calomel electrode it is — 1.094. Will 

it be higher or lower than —0.76 when referred to a hydrogen electrode containing 
a concentration of hydrogen ions of 0.1 mol dm~-3, and will it be higher or lower 
than — 1.094 when referred to a molar calomel electrode? Explain your reasoning. 

9. What reactions take place (a) in each half-cell, and (4) overall, in the follow- 
ing cells? 

i H,/Pt|HC1(0.1M) | Cl,/Pt ii Ag,AgCl(s) | HCl (1M) | H2/Pt 
iii Cd amalgam | CdSO,(aq) | Hg,SO,(s) | Hg 

10. In what cells would the following overall reactions take place? 

i 2AgBr + H, = 2Ag + 2HBr ii H,+1, = 2HI 

11. How would you attempt to measure the standard electrode potential of a 
chlorine electrode? 

12. What is the e.m.f. of a cell made up of two hydrogen electrodes, one in contact with a hydrogen ion concentration of 0.025 mol dm=3 and the other in contact with a hydrogen ion concentration of 10-® mol dm~-3? Which is the 
negative pole of the cell? 
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Electrolysis 

1. The process of electrolysis. In an electrolytic process, a current is passed 
through the electrolyte to be decomposed, the electrolyte being in solution 
(usually in water) or in the molten state. The current is led in and out of the 
electrolyte through electrodes immersed in it, and electrodes which do not 
react with the electrolyte or any of the electrolysis products are generally 
chosen. 

The electrode connected to the positive pole of the electricity supply is 
called the anode; that connected to the negative pole is called the cathode. 
The current is said to flow, conventionally, from the positive to the nega- 

BATTERY. 
“ELECTRON PUMP” 

A Voy 
oo 

sv? 

Anions—Give Electrons to Anode ANODE. 

REQUIRES 
ee 

ELECTRONS! Cations — Take Electrons from Cathode 

CATHODE. 

SURPLUS 

ELECTRONS 

Fic. 142. The process of a simple electrolysis. 

tive pole, but the actual flow of electrons, which is the current, is in the 
opposite direction, i.e. from negative to positive pole. Electrons therefore 

pass into the cathode and out of the anode during electrolysis. The source of 

the current is best regarded as an electron pump, a current of 1 ampere 

corresponding to a flow of approximately 6.25 x 10'* electrons per second. 

To maintain the flow of electrons through the electrolyte, the ions pres- 

ent in the electrolyte move towards the electrodes, the negatively charged 

ions (anions) to the anode and the positively charged ions (cations) to the 

cathode. A more detailed consideration of the movement of ions is given 
on pp. 450-8 in the discussion of transport numbers. 

The anions give up electrons to the anode and are discharged, whilst the 
cations are discharged at the cathode by taking electrons, 

A-(aq) —> A + le Ct(aq) + le —>C 
(Anion) (Cation) 

A and C will be the products of electrolysis, A being liberated at the anode 
and C at the cathode. 

The giving up of electrons to the anode and the taking of electrons from 

the cathode maintains the flow of current, the whole process of a simple 

electrolysis being conveniently illustrated, in diagrammatic form, in 

Fig. 142. 
The electrode process taking place at the anode (a giving of electrons) is 
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an oxidation; that at the cathode (a taking of electrons) is a reduction 
(p. 467). 

The quantitative relationship between the quantity of electricity and the 
amount of chemical decomposition are given by Faraday’s laws, described 
on p. 89. 

2. Electrode processes. The ions available for discharge in the electrolysis of 
molten sodium chloride are Na* and Cl-. As there is only one cation and 
only one anion, there are no complications. Na* ions are discharged at the 
cathode to form sodium, and CI~ ions are discharged at the anode to form 
chlorine, 

Na* + le—+>Na (at cathode) 

Cl- —>iCl, + le (at anode) 

When a solution contains more than one cation and/or more than one 
anion, the situation is more complicated. The ions available for possible 
discharge in the electrolysis of a dilute solution of sulphuric(v1) acid, for 
example, are hydrated H+, OH~, HSO,~ and SO,?- ions. 

The H* ions will move to the cathode and will be discharged there. 
Little is known, with certainty, about the precise nature of the transfer of 
electrons from the cathode, and the matter is complicated by the fact that 
it is really hydrated H+ ions that are concerned. It is probable that 
hydrogen atoms are first formed, and that these then combine together 
into hydrogen molecules, 

H*t(aq)+le—>H . 2H —> H,(g) 

At the anode, three anions will be available for discharge, and there are 
various possible processes which could result in the transfer of electrons to 
the anode and the liberation of oxygen. It is, again, impossible to be precise 
about which of the various alternative processes actually takes place, but a 
likely mechanism is that OQH™ ions are discharged more readily than the 
SO,’~ or HSO,~ ions, 

OH~ (aq) —> OH + le 

and that the resulting hydroxide radicals then react together to form water 
and oxygen, 

If this mechanism is accepted, then the OH— ion is said to be selectively 
discharged, and this idea of selective discharge is a helpful one. 

3. ° ° : : ; s 

ake pl take place most easily, Seem ivimmieenner on 
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least easily discharged. In terms of electrode potentials (p. 428), elements 
with a high negative electrode potential will be least readily discharged at a 
cathode, whilst elements with a high positive electrode potential will be 
least readily discharged at an anode. 

Zn’* ions, for example, will be selectively discharged if present, under 
comparable conditions, together with Na* ions, because the change 

Zn**(aq) + 2e —> Zn 

will take place more readily than the change 

Nat(aq) + le—> Na 

Cu? ions will be discharged still more readily than Zn?+ ions. 

Selective discharge from a mixture of electrolytes can, in fact, be used for 
the quantitative analysis of the metallic ions present, each metal being 
deposited in turn, and weighed. 

The same arguments apply to anions. I~ ions will be selectively dis- 
charged in the presence of Cl~ ions because the change 

I- —> I+ le 

takes place more easily than the change 

Cl- —> Cl + le 

On this basis, a list can be drawn up, following the electrode potential 

values, of the order in which common hydrated ions will, in general, be 

selectively discharged. 

Kr. Gat* Nat Mg?* “Al*t) Zn?t © Fe?+ Pb?+ H+ Cu2+ Agt 
—2.92 —2.87 —2.71 —2.37 —1.66 —0.76 —0.44 —0.13 0 +0.34 +0.80 

——————>_ Increasing ease of discharge at cathode ————-————_> 

OH- I- Br- Cl- NO;- SO,2- F- 
+0.40 +0.54 +1.07 +1.36 +2.85 

<—_———_——___—_—__ Increasing ease of discharge at anode <—————. 

4. Factors affecting selective discharge. The orders of selective discharge 

given at the end of the preceding section apply only for discharge from 

aqueous solutions containing ions at comparable concentrations which 

are approximately M, and for discharges involving zero, or low, over- 

voltages. of anion at a particularly hi 

or low concentration, will affect the issue. 

a. Effect of overvoltage. Depending on the nature of the electrode being 
used, it is found that the discharge of an ion is sometimes much more 

difficult than would be expected. This is particularly so, using certain 

electrodes, when gases are involved, e.g. in the discharge of H+, OH™~ and 

Cl- ions, 
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So far as electrode potentials are concerned, H+ ions should be dis- 
charged from a solution containing Zn?*+ and H* ions of comparable con- 
centration. If zinc electrodes be used, however, the Zn?+ ions will be 
selectively discharged before the H+ ions. Hydrogen is said to have a high 
overvoltage at a zinc electrode. At a platinum electrode, with a low 
hydrogen overvoltage, H+ ions would be discharged before Zn?+ ions. 

Similarly, OH~ ions might be expected to be discharged at an anode in 
preference to any other anion, but the high oxygen overvoltage at most 
electrodes makes the discharge of OH~ ions more difficult. 

Overvoltages at particular electrodes must, therefore, be taken into 
i icti i j Further 

details, and some numerical values, are given on page 440. 

b. Concentration effect. An_ion_present at a low concentration is more. 1ifficul hiscl | : hiot bdinciak: 

fully balancing the concentrations of two metallic ions it is possible for them 
to be discharged together as an alloy. Brass, for instance, can be deposited 
in this way from suitable mixtures of zinc and copper sulphates(v1). ; he | 5 Ft ‘ Fen iow’ idi ei 

stance with which it will form a stable complex ion makes the discharge of 
i i 1 i i It is for this reason 

that cyanide solutions of metals are frequently used for electroplating 
purposes, the low concentration of metallic ions in the solutions being 
beneficial (p. 484). 

The concentration of an ion must, therefore, be taken into account in 
predicting whether it is likely to be discharged or not. 

5. Solution of anode. The liberation of electrons at an anode commonly 
originates from the discharge of an anion. It can, however, also originate 
from the ionisation of the anode. 

In the electrolysis of copper(m) sulphate(v1) solution, for example, using 
a copper anode, there are three possible anode processes, each liberating 
electrons, 

i SO,?-(aq) —> SO, + 2e 
ii OH~-(aq)—>OH + le 

iii Cu(s) —» Cu*+(aq) + 2e 

Of these, iii takes place most easily, and the copper anode passes into 
solution as copper(I) ions. It is generally referred to as a soluble anode 
(p. 442). 

s 

The combination of over- 
voltage and concentration effects, and the Possibility of the anode passing 
into solution, mean that the result of the electrolysis of a solution of any 
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one electrolyte can be varied by carrying out the electrolysis under different 

conditions. The concentration of the electrolyte can be changed, and 

different electrodes can be used. Temperature and current density can also 
be varied. 

Typical results of straightforward electrolytic processes are summarised 
in the table on page 437, and more details are given later. 

7. Mechanism of electrolysis. The detailed mechanism of an electrolysis is 
complicated. There are many variable factors which affect the issue, and 
many unsolved problems of theoretical interpretation remain. 
A consideration of the electrolysis of a normal solution of sulphuric(v1) 

acid using bright platinum electrodes introduces the main general principles 
associated with any electrolytic process. 

The overall result is that hydrogen bubbles off from the cathode, and 
oxygen from the anode. Two volumes of hydrogen are produced for every 
one volume of oxygen, and the concentration of the acid increases. Water, 
in effect, is being decomposed. The changes can be summarised, in a simple 
way, as follows: 

H,SO, 
OH7 ions selectively 

H+ ions discharged, — discharged, 
H+ + le—>H : To 2H+ SO,?- Bothions QH-—-» OH + le 

H atoms combine, cathode Ht OH- toanode OH radicals then 
2H —> H, Sa, combine, 

40H—>2H,0+ O, 
H,0 

a. Decomposition voltage. If the voltage applied between the electrodes 
is gradually increased from zero, the 
current passing through the cell will 
rise only very slightly, and no signifi- 
cant electrolysis will take place, until 
a certain voltage is reached when 
electrolysis begins. Further increase 

Ss in the applied voltage above this point 
voltage will lead to more rapid electrolysis 

and a marked rise in current (Fig. 
VOLTAGE ———> 143a), 

Fic. 143. Current-voltage curves for Itage_at which electrolysis 

— CURRENT —> 

electrolysis of (a) 0.5M sulphuric(v1) ins i Ms 
acid solution using bright platinum mental decomposition 
electrodes, and (6) copper(m) sul- 1 -valtage. - phate(v1) solution using copper elec- ba ie can be measured by using a trodes, circuit as shown in Fig. 144 to obtain 

current-voltage graphs (Fig. 143). 
The experimental decomposition voltage for 0.5M sulphuric(v1) acid is approximately 1.70. 
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This minimum voltage is necessary to bring about the electrolysis of 
0.5m sulphuric(v1) acid for: two reasons. First, the formation of any 
hydrogen and oxygen at the electrodes changes their nature (they are said 
to be polarised), and the 

Pt | Dilute H,SO, | Pt 
arrangement becomes a 

H,/Pt | Dilute H,SO, | O,/Pt 

arrangement. This functions as a cell, which gives a back e.m.f. equal to the 
algebraic sum of the two electrode potentials under the conditions used. 
Such a back e.m.f. must be overcome before electrolysis can proceed. 

Fic. 144. Circuit for obtaining current-voltage graphs. 

tion voltage, for, 

d_that electrolysis 

would take place. In some cases this is so, the theoretical decomposition 

voltage being equal to the experimental decomposition voltage. 

Theoretical decomposition _ Electrode potential , Electrode potential 
voltage . at anode at cathode 

For 0.5M sulphuric(v1) acid, however, the experimental decomposition 

voltage (1.70) is greater than the theoretical value (1.23), and this is com- 

mon, particularly when gases are being liberated at the electrodes. The 
: hil i j ee ical d . 

voltage is due to overvoltage. 

b. Overvoltage. The potential required to discharge a metallic ion at_an. 
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electrode is generally equal, or very nearly equal, to the electrode potential 
of_the_metal concerned under the same conditions. To deposit zinc ions 

from a zinc sulphate(v1) solution with an ionic concentration of 1 mol dm~? 

for example, requires a cathode potential of approximately 0.76, that 

being the standard electrode potential for zinc. 

But when gases are concerned in a discharge process, e.g. in the discharge 

of H+, OH~ and Cl~ ions, the potential necessary may be considerably 

greater than the electrode potential concerned. The difference is known as 

the avervoltage, Its value depends on the particular ion, the particular 

electrode, and the particular way in which electrolysis is being carried out. 
ee areas is ones but one OEE TTT 

It follows that 

Experimental Theoretical Overvoltage Overvoltage 

decomposition = decomposition + at + at 

voltage voltage anode cathode 

and, when no overvoltage exists, the theoretical and experimental decom- 

position voltages are equal. 

In the electrolysis of 0.5M sulphuric(v1) acid using bright platinum 

electrodes, the overvoltage of hydrogen at the anode is small (about 0.03 

volt) but the overvoltage of oxygen at the cathode is large (about 0.44 volt). 

The experimental decomposition voltage of 1.70 is, therefore, made up of a 

theoretical decomposition voltage of 1.23 plus overvoltages of 0.03 and 
0.44. 

Other typical overvoltage values are as follows: 

H, at Ag cathode, 0.15 O, at Pb anode, 0.31 

H, at Zn cathode, 0.70 O, at Au anode, 0.53 

H, at Hg cathode, 0.78 Cl, at polished Pt anode, 0.7 

c. ee The ES eee ae ee is 

voltage, i 1.e. 

Discharge potential = Electrode potential + Overvoltage at the electrode 

As overvoltages for metallic ions are always small, the discharge 
potential for a metallic ion is approximately equal to the electrode potential 
of the corresponding metal. The discharge potential for a non-metallic ion 
varies considerably with the nature of the electrode concerned, as the over- 
voltage varies so much. 

d. Resistance of electrolyte. Application of the minimum experimental decom- 
position voltage will not produce electrolysis at a reasonable rate, as the current 
passing will be small (Fig. 143). To obtain a reasonable rate of electrolysis 
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requires a reasonable current, and, to obtain this, the resistance of the various 
connections and the electrolyte have to be overcome. Any applied voltage, over 
and above the experimental decomposition voltage (which is necessary to over- 
come back e.m.f. and overvoltages) will be available for increasing the current 
according to Ohm’s law. Thus 

; Experimental 
Paes — decomposition = Current x Resistance ge 

voltage f ; 
The higher the voltage available for overcoming cell resistance, the greater the 

8. Electrolysis of sodium hydroxide solution. 

a. Using platinum electrodes. In this process, hydrogen is produced at the 
cathode, and oxygen at the anode. Two volumes of hydrogen are formed 
for each volume of oxygen. The concentration of the sodium hydroxide 
increases, water, in effect, being decomposed. The process may be sum- 
marised, simply, as follows: 

NaOH 
= : ca 

eo dis pe >. OH- discharged, 
“Ap . le—>H, <Bothions Nat OH- To | OH-—>OH + le. 
Then . tocathode Ht OH- anode Then, 
H+ a H, Pe 40H—> O,+ 2H,O 

H,O 

The experimental decomposition voltage for an M _ solution is 

approximately 1.7 volt, the same value as for 0.5 M sulphuric(v1) acid. 

This common value is explained by the fact that both processes are essen; 
tially the same, water being decomposed with liberation of hydrogen and 
oxygen at platinum electrodes. 

At the anode, OH~ ions are discharged, as they are the only anions pre- 

sent; there will be an overvoltage of 0.44 volt. At the cathode there are two 

cations, Na* and H*, and the H* ions are selectively discharged, even 

though they are present in only very low concentration. 

The discharge potential for Nat ions from an M solution is approximately 
2.71 volt. The concentration of H+ ions in an M solution of sodium hydroxide 
will be 10-** mol dm~3, and the discharge potential for H+ ions under such 
conditions will be about 0.83, neglecting any overvoltage. The overvoltage of 
hydrogen at a platinum electrode is, in fact, very low, so that the discharge of 
hydrogen ions will be easier than that of sodium ions. 

b. Using a mercury cathode. If a mercury cathode is used, Na* ions will 

be discharged, as hydrogen has a high overvoltage at a mercury cathode 

‘(p. 440). Sodium amalgam will be formed, but if the concentration of 

sodium in the amalgam reaches a high enough value, the hydrogen over- 

voltage will be sufficiently lowered for hydrogen ions to be discharged. as 
at a platinum electrode. 



442 Introduction to Physical Chemistry 

9. Electrolysis of solutions of hydrogen halides. In the electrolysis of hydrochloric 
acid, hydrogen is liberated at the cathode, and chlorine and/or oxygen at the 
anode. Whether or not chlorine or oxygen or a mixture of the two is produced 
at the anode depends on a variety of factors, the discharge potentials of Cl~ 
and OH7~ ions being fairly close under certain conditions. 

Dilute hydrochloric acid, with a low concentration of chloride ions, will tend 
to produce mainly oxygen; concentrated hydrochloric acid will liberate mainly 
chlorine. At an electrode with a high overvoltage for oxygen and a lower one for 
chlorine, evolution of chlorine will be favoured. 

Electrolysis of solutions of hydrogen iodide will invariably produce hydrogen 
and iodine, because discharge of I~ ions will always be easier than discharge of 
OH~ ions, because of oxygen overvoltage. On the other hand, electrolysis of 
fluoride solutions will always give oxygen at the anode, as discharge of F~ ions is 
so difficult. 

10. Electrolysis of copper(1!) sulphate(v1) solutions. 

a. Using platinum electrodes. The cathode becomes plated with copper, and 

oxygen bubbles off from the anode. The electrolyte slowly loses its colour 

and is converted into sulphuric(v1) acid. The mechanism of the process can 

be simplified as follows: 

CuSO, 

y a OH ions selectively 
Cu?’+ ions selec- : Cit SO2- - discharged, 
tively discharged, ee estate OH-—+> OH + le. 
Cu2+ + 2e Cu tot ode H+ OH- °° anode Then, 

gain 40H—>0,+2H,0 

é H,0 

The experimental decomposition voltage is about 1.8 volt. 

b. Using copper electrodes. In this process, copper is deposited on the 

cathode, and the anode goes into solution as Cu?* ions. The electrolyte 
does not change, copper simply being transferred from the anode to the 
cathode. 

Of the three possible anode processes, 

i SO,?~(aq) — SO, + 2e 

i OH~-(aq) —> OH + le 

iii Cu(s) ——> Cu?* (aq) + 2e 

c takes place most easily. The copper anode is sometimes referred to as a 
soluble anode. 

In this electrolysis, the electrodes do not become polarised as they remain 
Cu/Cu?* electrodes throughout. As there are also no overvoltage effects, 
there is no decomposition voltage. Even the smallest voltage will bring 
about electrolysis, and increasing voltage will cause a steady rise in 
current, approximately following Ohm’s law (Fig. 143b), 
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The theoretical decomposition voltage is also zero, the electrode 
potentials at the two electrodes being equal. In other words, the theoretical 
decomposition voltage is zero because there is really no decomposition 
taking place. 

11. Electrolysis of brine. The electrolysis of a dilute solution of sodium 
chloride in water (weak brine) will generally yield oxygen at the anode and 
hydrogen at the cathode, the solution itself becoming more concentrated. 
As with solutions of sulphuric acid and sodium hydroxide, this is, again, 

an effective decomposition of water, summarised as follows: 

NaCl 

Ht ions selectively pect tn OH“ ions selectively 

annie H Both ions Nat Cl- Both ions discharged, 

e ; to cathode _ toanode on OH Spite: 
Then, Ht OH Then, 

H,0 

The electrolysis of a concentrated solution of sodium chloride in water 

(brine) can, however, under suitable conditions, be used as an industrial 

To 4re 

pole Chlorine<— Brine In 

Spent } 
brine Mercury 

in 

amalgam 

Toma 
pole 

Fic. 145. Electrolysis of brine using a flowing mercury cathode. 

source of sodium hydroxide, chlorine and hydrogen. The solution contains 

hydrated Nat, H*, Cl- and OH™ ions, and special cells must be used to 

obtain the required products. 

a. Use of a flowing mercury cathode (Fig. 145). In this type of cell, the anode 

is made of graphite, and the cathode consists of a stream of mercury 

flowing slowly across the bottom of the cell. 

The theoretical decomposition voltage is about 3.2 volt, and overvoltages 
(mainly of chlorine at the graphite anode) of 0.2 volt give an experimental de- 
composition voltage of about 3.4 volt. In practice, a working voltage of about 
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4.4 volts is used, 1 volt being necessary to overcome the cell resistance and provide 
a reasonable current. . 

Cl- ions are selectively discharged at the graphite anode, instead of OH 

ions. This is because the Cl~ ions are in much greater concentration than 

the OH~ ions, and because oxygen has a higher overvoltage than chlorine 

at a graphite electrode. 

At the mercury cathode, Na* ions are discharged in preference to Ht 
ions, because of the high hydrogen overvoltage at a mercury cathode 

(p. 440). The sodium content of the amalgam formed is not allowed to get 

very high as the amalgam is run off continuously as it is formed. 

The sodium amalgam is run into a container fitted with iron grids, and 
water is added. This arrangement produces a cell, 

Fe | H+OH- | Na/Hg 

which, because the two electrodes are in constant contact, is short- 

circuited. Sodium atoms, from the amalgam, pass into solution as Na* ions, 

To +” “pole 

Chlorine <—Brine 

> 

To —"“pole Hydrogen 

Perforated 
steel 
cathode Asbestos 

diaphragm 

Steel C7722 eee eee 

tank 

Fic. 146. Electrolysis of brine using a diaphragm cell. 

and H* ions are discharged at the iron surfaces. Hydrogen gas bubbles off, 
and sodium hydroxide is obtained by evaporation. 

b. Use of a diaphragm ceil. In this type of cell (Fig. 146) the chlorine and sodium 
hydroxide are kept apart by a porous diaphragm, made of an asbestos composi- 
tion, which separates the anode and cathode in adjacent compartments. The anode 
is made of graphite and the brine is contained in the anode compartment. The 
cathode is a steel network surrounding the asbestos diaphragm. 

The solution in the anode compartment contains Na+ and Cl- ions, from the 
sodium chloride, together with H*+ and OH7 ions, from the water. 
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The Cl~ and OH™ ions move to the anode, where the CI- ions are selectively 
discharged because they are in much higher concentration than the OH™ ions. 
Chlorine bubbles off and is collected. 

The Na* and H* ions move through the diaphragm to the cathode, where the 
H* ions are selectively discharged. The hydrogen formed bubbles off and is 
collected. 

As Na* ions are not discharged at the cathode they increase in concentration 
around the cathode. OH~ ions also increase in concentration, for the discharge of 
H* ions causes more water molecules to ionise. This accumulation of both Na+ 
and OH ions around the cathode means that the solution which slowly trickles 
through the diaphragm and the steel network cathode is, in effect, a solution of 
sodium hydroxide. This solution is collected, and most of the sodium chloride 
impurity is removed during evaporation to produce solid sodium hydroxide. 

12. Electrolysis of fused sodium chloride. Electrolysis of fused sodium 

chloride is used, in the Downs’ cell, for the manufacture of sodium. Mag- 

nesium and calcium are also made by similar methods. The same principles 

apply to the electrolysis of a fused salt as to that of an aqueous solution. 

In the Downs’ cell, a mixture of 40 per cent sodium chloride and 60 per 

cent calcium chloride is used to give a lower working temperature. Pure 

sodium chloride would require a temperature of about 800°C, whereas a 

mixture of sodium and calcium chlorides will melt at about 600°C. A 

graphite anode and a steel cathode are used, and the simple mechanism 
of the process is summarised as follows: 

NaCl 
Cl- discharged, 

Na* discharged, To eer een To Cl-—> Cl + le. 
Nat + le—»Na cathode .Nat Cl- “anode ~ Then, 

Cl + Cl—> Cl, 

Although the mixed electrolyte used contains more Ca?* ions than Na* 
ions, the Na* ions are selectively discharged at the temperature used. A 

similar process cannot, however, be used for making potassium, for the Kt 

ions would not be discharged as readily as the Na* ions, and an alloy of 

potassium and calcium would result. 

13. Electrolytic oxidation and reduction. The process taking place at the anode 
during electrolysis involves a giving of electrons and is, therefore, an oxidation. 
The process at the cathode involves a taking of electrons and is a reduction. The 
conditions in the vicinity of an anode can, therefore, be used for bringing about 
oxidation, whilst reduction can be brought about at a cathode. 

a. Anodic oxidation. Some unusual oxidation reactions can be brought about by 
electrolytic methods, reactions which cannot, in some cases, be carried out in 
any other way. F~ ions, for instance, can be oxidised to fluorine only by anodic 
oxidation, 

F- —>F + le 

Other typical examples are provided by the preparation of peroxo-acids and the 
anodising of aluminium. 



446 Introduction to Physical Chemistry 

Electrolysis of concentrated sulphuric(v1) acid or concentrated solutions of 
potassium or ammonium sulphates(v1) using a platinum wire as an anode to give 
high current densities produces peroxodisulphuric(v1) acid, H,S,O,. Its precise 
mode of formation is not known. It may be formed by a polymerisation of two 
hydrogensulphate radicals, 

HSO,- —» HSO, + le 

2HSO, —» H,S.03 

or it may be that active oxygen at the anode oxidises SO,?~ or HSO,7~ ions. It has 
also been suggested that hydroxyl radicals at the anode may bring about the 
oxidation, perhaps by polymerisation to hydrogen peroxide. By similar anodic 
oxidation, peroxocarbonates, e.g. K.C,O, can be obtained from carbonates, 
and peroxophosphates, e.g. K,P,O3, from phosphates. 
Aluminium is normally covered with a very thin film of oxide, and this film 

can be thickened by making aluminium the anode in an electrolysis of dilute 
sulphuric(v1) acid or chromic(v1) acid. The oxide film is increased by anodic 
oxidation of the aluminium, and the process is known as anodising. Anodised 
aluminium is resistant to corrosion, and the oxide film can also adsorb dyes so 
that anodised aluminium can be made in a variety of colours, with or without a 
pattern. It is widely used in making trays, restaurant table tops and ornaments. 

b. Cathodic reduction. The discharge of any cation, e.g. 

Cu?+(aq) + 2e —> Cu 

is a cathodic reduction, but reduction processes involving molecules not neces- 
sarily directly involved in the electrolysis can also be achieved. Examples are the 
conversion of nitric(v) acid to hydroxylamine, 

HNO; + 6H —> NH,OH + 2H,0 

and of a mixture of nitrobenzene and sulphuric(v1) acid to phenylamine (aniline). 
Lead cathodes are used. 

Because hydrogen has.a high overvoltage at a lead cathode the use of such a 
cathode will almost certainly produce hydrogen which is more active than ordinary 
hydrogen, but the mechanism of cathodic reduction is not fully understood, and 
many different products can be obtained under different conditions. 

Nitrobenzene, for instance, can be reduced to phenyl azobenzene, azoxy- 
benzene, phenylamine, phenylhydroxylamine and other products by cathodic 
reduction using different cathode materials, different current densities, different 
temperatures, and acidic or alkaline solutions. 

14. Polarography. Polarography, introduced by Heyrovsky in 1922, pro- 
vides a rapid and accurate method of analysis requiring only small 
quantities of material and simple equipment. It makes use of a dropping 
mercury cathode arranged, in its simplest form, as in Fig. 147. The 
dropping of the mercury continually renews the cathode surface, and this 
allows a series of cathode processes to take place at what is, essentially, the 
same cathode. 

The e.m.f. applied between the cathode and anode can be steadily in- 
creased. If the mercury is dropping into a solution containing Cu?* ions, 
there will be no appreciable current until the applied e.m.f. is high enough 
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for the Cu?+ ions to be discharged at the cathode. When this discharge 
begins there will be a marked rise in current. 

As Cu?* ions are discharged other Cu?+ ions will diffuse towards the 

Capillary 
tube 

analysis 
+ KCI 

Mercury anode 

Fic. 147. Arrangement of a dropping mercury cathode 
for obtaining a polarogram. 

mercury cathode. Increase in the applied e.m.f. will cause increased rate of 
j There is a 

limit to the rate of diffusion, however, depending on the bulk concentration 

Limiting current, 7 

CURRENT ——> 

VOLTAGE. 

Fic. 148. Simplified change of current 
with voltage in polarography. 

of Cu?* ions, and when this limit is 
reached further increase in e.m.f. 
will not cause any further increase 

in current as ions cannot diffuse to 

the cathode quickly enough. The 

current, at this stage, is called the 

limiting current, and the way in 

which the current changes as the 

e.m.f. is increased is shown in Fig. 

148. The e.m.f. value when the cur- 

rent is half the limiting current_is 

known _as the half-wave_potential ‘it i bein aif . 

ticular ion. 
If other ions are present they, too, 

will cause a change in current, similar to that caused by Cu?* ions, as they 

are discharged The half-wave potentials are different for different ions so 

that current-voltage graphs, ig. 149), can be used t 
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detect the presence of various ions in a mixture. The method can also be 
used for detecting molecules which are reduced at a mercury cathode under 

the conditions being used. Quanti- 

tative analysis can also be carried 
_out as the limiting current for 

Micni pio iw 

to_its concentration. 

In practice, the resistance of the 

cell is high because of the small 

surface area of the dropping mer- 

cury cathode. Potassium chloride 

is, therefore, added to the elec- 
VOLTAGE trolyte solution to increase the 

Fic. 149. A simplified polarogram show- conductivity. Potassium ions are . 
ing the presence of other ions. themselves only reduced at a mer- 

cury cathode at high voltages, 
and, therefore, do not interfere in the polarographic analysis for other ions. 

——— CURRENT ——> 

QUESTIONS ON CHAPTER 40 

1. If the electrical cost of producing 1 kg of magnesium by an electrolytic 
process is £x, what will it cost to produce y kg of aluminium by a similar process? 
Assume that the processes are 100 per cent efficient. 

2. State Faraday’s laws of electrolysis. What correspondence, if any, can you 
find between them and the laws of chemical combination, and how far do they 
indicate the electrical character of atomic structure? From what sources can 
evidence be obtained of the existence of ions in solution? (O. & C.) 

3. State Faraday’s laws of electrolysis. Describe, with the aid of diagrams, 
how you would use an electrolytic method (a) to determine the equivalent mass 
of a metal, (6) to purify a metal, (c) to prepare pure oxygen. (O. & C.) 

4. Passage of a current of 1000 ampere through a solution of sodium chloride 
in a diaphragm cell is found to produce 28.58 kg of chlorine per day. What is the 
efficiency of the process? 

5. State Faraday’s laws of electrolysis. How can they be applied to the measure- 
ment of (a) current, (6) the equivalent mass of an element or compound, (c) the 
charge on the electron? (O. & C.) : 

6. What substances are liberated in the electrolysis of dilute sulphuric acid 
using (a) platinum electrodes ?, (5) lead electrodes? A current is passed through a 
voltameter containing copper(1) sulphate(v1) solution and copper electrodes in 
series with a sulphuric(v1) acid voltameter having platinum electrodes. If the 
current is stopped when 150 cm! of hydrogen measured at 14°C and 98.65 kN m~-? 
are liberated in the sulphuric(v1) acid voltameter, what mass of copper will be 
deposited on the cathode of the copper voltameter 2 (The pressure of water vapour 
at 14°C is 1.6 KN m~?.) (Army and Navy.) 

7. What do you understand by the term electrochemical equivalent of an 
element? How is the electrochemical equivalent related to the chemical equivalent 
of an element? Describe, with essential experimental details, how you would 
determine the electrochemical equivalent of an element such as silver. 0.406 g of 
a metal X was deposited from a solution by a current of 1 A flowing for 965 
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second. The metal formed a volatile chloride of vapour density 114. Calculate 
the relative atomic mass of the metal. (O. & C.) 

8. Explain carefully what you mean by the terms ‘electrolysis’, ‘electrolyte’ and 
‘electrode’. If a current passing for 1200 s deposits 0.4818 g of metallic silver, 
what volume of (a) hydrogen, and (b) oxygen would you expect it to liberate in a 
voltameter (in the same circuit) where dilute sulphuric(v1) acid is being electro- 
lysed ? 

9. State Faraday’s law of electrolysis. A molar solution of sodium hydroxide 
is electrolysed at 0°C between platinum electrodes. What current would be 
required to produce from the cathode (a) 100 cm’ (at s.t.p.) of dry hydrogen per 
minute, (b) 100 cm® of hydrogen at 0°C and 101.325 kN m~? containing, as it 
actually would, water vapour? Take the vapour pressure of M sodium hydroxide 
as 101.4 N m7? at 0°C. 

Calculate the charge in coulombs on all the ions present in 1 cm* of M sodium 
hydroxide solution. (Avogadro constant = 6.02 x 10%; Faraday constant = 
96500 coulomb.) (B.) 

10. (a) In the electrolysis of brine using a flowing mercury cathode, 1000 A 
liberate 30.16 kg of chlorine per day. If the working voltage of the cell is 4 volt, 
how many kilowatt hours of energy are required per 1016 kg of chlorine? 

(b) Ina diaphragm cells, 2832 kilowatt hours are required per 1016 kg of chlorine. 

What advantages has the mercury cell over the diaphragm cell? 
11. If a cylindrical rod of length 127 mm and diameter 19.05 mm is completely 

and evenly plated with nickel for 300 s, using a current of 2.5 A, what will be the 

thickness of the nickel plate. (The density of nickel is 8.9 g cm~*.) 
12. Describe any two industrial electrolytic processes and any two industrial 

electrothermal processes. 
13. Write down the electrode processes which you would expect to take place in 

the electrolysis of M solutions of the following electrolytes, using platinum 

electrodes; (a) zinc sulphate(v1), (b) sodium sulphate(v1), (c) gold(1) chloride, 

(d) potassium nitrate(v), (e) cadmium iodide. 
14. Explain the differences you would expect in the electrolysis of an approxi- 

mately M solution of silver nitrate using (a) platinum and (6) silver elec- 

trodes. 
15. What products would you predict from the electrolysis of hot brine, using 

carbon electrodes, and carrying out the electrolysis with constant and efficient 

stirring ? 
16. Discuss the electrolysis of potassium chloride (a) in the molten state, (6) in 

dilute aqueous solution, (c) in concentrated aqueous solution using a flowing 

mercury cathode. What do you think would happen if the mercury cathode in 

(c) was stationary ? 
17. Give an account of the electrolysis of fused carnallite. 

18. Explain the meaning of the following terms: (a) back e.m.f., (6) depolariser, 

(c) discharge potential, (d) concentration polarisation. 
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Transport numbers 

1. Migration of ions. Hittorf. discovered, in 1855, that the amount of an 

electrolyte in the vicinity of an electrode usually changes during electrolysis, 

and he attributed such changes to the fact that anions and cations in 

the solution of the electrolyte migrate to the electrodes with different 
speeds. 

Both ions are responsible for carrying the current through the electro- 
lyte, and Hittorf suggested that the fraction of the current which they each 
carried depended on their relative velocities, 

Current carried by anion _ Velocity of anion (v,) 
Current carried by cation _ Velocity of cation (v,) 

The fraction of the total current carried by the anions was called the 
transport number of the anion (t,); the fraction carried by the cations was 
the transport number of the cation (fc). Clearly t, must equal (1 — f,), and 
tc must equal (1 — f,). 

Current carried by anion 

Total current = he: alee 

Current carried by cation 
SS Se Set Se 

Total current 

It follows that the following relationships hold, 

tl, __ Ua eeeON t Ue Tee AS Ce 
lo Ue Va + Ue Va + Ue 

2. Changes in electrolyte round electrodes. Transport numbers can be 
expressed, as in the preceding section, as ratios of current carrying capacity 
or as ratios of ionic velocities. They can also be expressed in terms of the 
changes in the amount of electrolyte around the anode and cathode during 
electrolysis, as will be seen in the following typical examples. 

a. Electrolysis with inert electrodes. If a current of 96487n coulomb is passed 
through an electrolyte, CA, using inert electrodes, 7 mol of C* ion will be 
discharged at the cathode, and n mol of A7 ion will be discharged at the 
anode. 

If the transport number of C* is tc and of A- is t,, then the Ct ions will 
carry 96487nt¢ coulomb towards the cathode whilst the A- ions will carry 
96487nt, coulomb towards the anode. In other words, ntc mol of C* ions 
will pass towards the cathode, whilst nt, mol of A~ ions will pass towards 
the anode. 

After the passage of 96487n coulomb the situation, if the cell be divided 
into three compartments, may be summarised as follows: 
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ae at 

Anode Cathode 
\ ntemol. of Ct | 
—_——__————> a 

nmol. of A~ 1 n mol. of C+ 
discharged iC a, moL.of A) discharged 

<—— — 
' 1 

1 1 

Anode ! Central ' Cathode 
compart- compart- compart- 
ment ment ment 

The amount of electrolyte in the central compartment will remain con- 

stant, for the ions passing out are replaced by an equal amount passing in. 
In the anode and cathode compartments, however, the changes in the 

amount of electrolyte may be summarised as follows, the amounts being 

given in moles: 

Anode compartment Cathode compartment 

Ct. nto in; n out 
Loss of 1 — ntc 

or n(1 — tc) 
or nt A 

Ct. Loss of ntc 

A-. nt, in; n out 
Loss of n — nta 

or n(1 — ta) 
or nt A-. Loss of nf, 

The total loss from the electrolyte is n mol of C* (discharged at cathode) 
and x mol of A~ (discharged at anode). ntc mol of CA are lost from the 

anode compartment; nt, are lost from the cathode compartment. 

It follows that 

Loss round anode _ fc _ Transport no. of cation 
Loss round cathode ¢, Transport no. of anion 

and 

Loss round anode _ Loss round cathode _ ; 
Totallos § © Total loss : 

b. Electrolysis with soluble anode. With inert electrodes, ions discharged at 
the electrodes are removed from the solution of electrolyte. With a 

soluble anode, however, cations enter the anode compartment from the 

anode (p. 436). 
The situation after 964871 coulomb have passed through a solution of 

an electrolyte CA, using a soluble anode of C, may be summarised as 

follows: 
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+ a 

Soluble 
anode Cathode 

' ntcmol. of C+ =! 
ne 

1. nmol. of Ct 
of Ct discharged 

nt, mol. of A~ 

Anode compartment 

Ct, nin; ntc out 
Gain of (n — ntg) 

or ntya 

A~. Gain of nt, 

Cathode compartment 

Ct. ntc in; n out 
Loss of (7 — ntc) 

or nt, 

A-. Loss of nt, 

In this case there is no overall loss of electrolyte, nm mol of C+ being 
deposited at the cathode and liberated at the anode. It follows that 

Gain at anode (or loss at cathode) _ LIN 

Deposit at cathode i ie ta 

3. Measurement of transport numbers by Hittorf’s method. Hittorf made use 
of the relationships between 

transport numbers and the 

changes in an electrolyte in the 

vicinity of the electrodes to 
measure transport numbers. 

Care must be taken to use the 

correct relationship depending 
on whether inert electrodes are 
being used or not. 

The most widely applicable 

form of Hittorf’s apparatus is 
shown in Fig. 150. The appa- 

ratus is filled with a solution of 
an electrolyte of known concen- 

tration, and a current is passed 

through for some time. A low 

Anode Central Cathode current is used to minimise 
Compartment Compartment © Compartment thermal, and resulting diffusion, 
Fic. 150. Hittorf’s apparatus for measuring ¢ffects. After electrolysis has 
transport numbers. taken place, the solution in each 



Transport numbers 453 

of the three sections of the cell can be withdrawn separately and analysed. 

The change in the amount of electrolyte in the anode and cathode compart- 

ments can be obtained, and the lack of any change in the central com- 

partment can be checked. The mass of the electrodes can also be measured, 

before and after electrolysis, and,.as a further check, the total current 

+ —_ 

solution 

Fic. 151. Simple apparatus for measuring 
the transport numbers of Ag* and NO;7 ions. 

passed can be measured by connecting a copper or silver voltameter in 

series. 
A rather simpler apparatus can often be used. The transport numbers of 

Ag* and NO,- ions, for example, can be measured, conveniently, in an 

apparatus as shown in Fig. 151. A solution of silver nitrate(v), whose con- 

centration in grammes of silver nitrate(v) per kilogramme of water is 

known, is used. A low current is passed for some time, the number of 

coulombs being measured by connecting a copper or silver voltameter in 

series. Half the solution from the left-hand limb (anode compartment) is 

then withdrawn and analysed by measuring the mass and titrating with 

standard ammonium thiocyanate solution. It is important that the 

amount of solution withdrawn for analysis should include all the solution 

whose composition has changed, i.e. should cover what, in the theoretical 

treatment, is referred to as the anode compartment. This can be checked by 

withdrawing a further portion of solution from the left-hand limb, and 

finding whether it has the same composition as the original silver nitrate(v) 

solution. ; 
The number of moles of silver nitrate(v) in the anode compartment 
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before and after electrolysis can be calculated, and the gain in the anode 
compartment will then be known. The number of moles of silver deposited 
at the cathode will be equal to the number of coulombs passed, divided by 
96487 so that (p. 452), 

Gain (in moles) of AgNO; at anode cage 
No. of coulombs passed + 96487 ~— “N° 

The transport number for Ag* ions will be (1 — tyo;7)- 

4. Transport numbers by moving boundary method. Transport numbers can 
also be measured by a moving boundary method, using an apparatus as 

shown in Fig. 152. A layer of a solution of an elec- 
= trolyte, AX, is introduced above a solution of an 

electrolyte, BX. The two electrolytes have a common 
anion, X~, but must be chosen so that the velocity 
of B+ is less than that of A+. Even with colourless 
solutions the boundary can be seen because the 
solutions have different refractive indices. 
When a current is passed, both A+ and B* ions 

move upwards towards the cathode, whilst X~ ions 
move downwards towards the anode. A sharp 
boundary is maintained between the two solutions 
as B* ions, with lower velocity, never overtake A+ 
ions. On the other hand, B+ ions never lag far be- 
hind, for if they do, the solution below the boundary 
gets diluted and its increasing resistance causes an 
increased potential drop which increases the velocity 
of B+ ions. 

The boundary, therefore, moves slowly upwards. 
If 96487n coulomb are passed, 96487nt,* will be 
carried by At and nt,+ mol of At will move up- 
wards, If the concentration of A* ions was origin- 
ally c mol cm~%, and if the boundary moves x cm 

Fic. 152. Themeasure- up a tube of cross-sectional area a cm?, the number ment of the transport : : number of A+ by Of moles of A* moving upwards will be axc. It 
moving boundary follows that 
method. 

nt,t = axc 

and the value of t,4+ can be obtained by measuring a, x, cand n. 

5. Transport number values. The value of the transport number for any one 
ion depends on the temperature, the nature of the other ions present, and 
the concentration of the ions concerned. Typical values, in 0.1M solution 
at 25°C are: 
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Solution of 

AgNO, : 

KNO; . 

LiCl 
NaCl 
KCl 

HCl 

a. Hydration of ions. The transport number depends on the speed of 

migration of an ion during electrolysis, and this will be affected by the 

hydration or solvation of an ion. Thus, although Li* ions are smaller than 

Nat ions (p. 168) and might be expected to move more rapidly, they do, in 

fact, move more slowly because they are more hydrated than Na* ions. 

Li* ions, therefore, have a smaller transport number than Na* ions. 

Similarly, Na+ ions have a smaller transport number than K* ions. 

The hydration of ions in aqueous solution can be demonstrated by 

adding sugar or carbamide (urea) to a solution of an electrolyte undergoing 

electrolysis. The concentration of the sugar or carbamide is found to change 

in the anode and cathode compartments because more or less water moves 

into or out of the compartments along with the hydrated ions which are 

moving in or out. 

b. Migration and diffusion. The transport number of Ag? ions, in 0.1M silver 

nitrate(v) solution, is 0.47, and that of NO3~ ions, 0.53. This means that, for every 

100 Ag* ions discharged at the cathode in electrolysis of 0.1M silver nitrate(v) 

solution, only 47 are transported by the current. The other 53 must reach the 

cathode by diffusion. 
As soon as electrolysis begins, Ag* ions close to the cathode will be discharged, 

and NO;°- ions will begin to migrate from the cathode to the anode. The con- 

centration of silver nitrate(v) in the vicinity of the cathode will, therefore, decrease, 

and Agt and NO3°7 ions will diffuse into the region of lower concentration from 

the region of higher concentration farther away from the cathode. 

Thus the movement of ions is due to electrolytic migration and to diffusion. 

c. Formation of complex ions (p. 480). Transport number measurements can 

be used to show the formation of complex ions. 

The measured transport number of Cd?* ions in cadmium iodide solu- 

tion, for example, falls from 0.444 in 0.005M solution to 0.003 in 0.025M 

solution. At still higher concentrations the transport number appears to be 

negative. The very large change with concentration is attributed to the 

formation of CdI,?~ ions, 

CdI, —> Cd?*(aq) + 21~ (aq) 

Cd?+(aq) + 41-(aq) —» Cdl?~ (aq) 

In dilute solutions there are very few CdI,?~ ions so that Cd’* ions 
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exhibit their normal transport number. As the concentration is increased, 
however, more and more CdI,?~ ions are formed. There comes a point 
when just as many CdI,?~ ions pass into the anode compartment as Cd?+ 
ions pass out, and Cd?+ ions appear to have a zero transport number. 

The existence of complex hexacyanoferrate(m) ions can also be shown. 
Transport number measurements on a solution of potassium hexacyano- 
ferrate(1) show that all the iron passes to the anode, and that each atom of 
iron moving into the anode compartment has six CN radicals associated 
with it. 

6. Electric mobility * of ions. The transport numbers of the ions from an 
electrolyte give only the relative speeds of the two ions, 

t, _ Speed of anion 
tc Speed of cation 

The electric mobility of an ion is defined as its velocity in metres: per 
second (m s~*) when moving under a potential gradient of 1 volt per metre. 

Dil. NapSO, 
H2S0, solution 

Agar-agar jelly coloured pink with 
phenolphthalein and a little alkali 

Fic. 153, Lodge’s method for measuring the electric mobility of H+ ions. 

The same numerical value is obtained if expressed in cm s~! for a potential gradient of 1 volt per cm. 
Values for electric mobilities can, sometimes, be obtained by direct measurements using a method originated by Sir Oliver Lodge. In the apparatus shown in Fig. 153, for example, the rate of passage of H+ ions towards the cathode can be obtained by measuring the rate at which the pink jelly is decolorised from left to right. 
More accurate values for the electric mobilities of ions can be obtained, however, from measurements of transport numbers and A, values. Consider a solution of a binary electrolyte, CA, containing x mol cms*: and having a degree of ionisation of «. Let such a solution be electrolysed in 
* The older term was absolute velocity, 
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a tube of cross-sectional area 1 cm? between two electrodes 1 cm apart with 

a voltage drop of 1 volt between them. 
There will be «x mol of C+ and «x mol of A~ between the electrodes. 

Ct ions will move with a velocity of ve cm s~! and A7 ions with a velocity 

of vs cm s~+. As 1 mol of an ion carries 96487 coulomb, C+ ions will carry 

96487axve coulomb per second, whilst A~ ions will carry 96487«xv, 

coulomb per second. The current passing through the electrolyte will, 

therefore, be 96487ax(vc¢ + va) amp. 

Because a centimetre cube is being considered and the potential difference 

between the electrodes is 1 volt, the current is equal to the conductivity of 

the electrolyte (k) in Q-* cm™ (p. 363), 

kK = 96487ax(vc + va) 

The molar conductivity of the electrolyte will be given by 

Ay = 964870x(0¢ + v4) X 4 
= 96487a(vc + va) 

and, as A,/Ay = « 

Ao = 96487(vc + va) 

If the Ap value for an electrolyte is measured, the value of (vc + v,) can 

be calculated. The corresponding value of vc/v, can be obtained from 

measured values of transport numbers, for vc/va is equal to fc/t,. In- 

dividual values for vc and v, can be obtained in this way. 

Taking potassium chloride as an example, 

Ay = 130 = 96487(vK+ + vc17) 
int O49 0,* 
tc.” 0.51 Vc 

from which it follows that 

vet = 6.6 x 10-* cms“! and = mq) = 6.9 x 107-* cms7! 

Other typical values for the electric mobilities of some simple ions, in 

cm s~! x 10%, are given below. 

Molar Electric mobility 
conductivity (cm s~1 x 10*) 

63.7 
66.3 
42.6 
62.6 

330 
180 
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It will be seen that the electric mobilities of most ions are of the order of 

5 x 10-* cm s“}, but that H+ and OH™ ions have much higher values. 
Such high velocities for H+ and OH™ ions are found only in hydroxylic 

solvents, such as water or ethanol, and it is suggested that the ions may, in 

such solvents, be passed on from one solvent molecule to another by a 

mechanism such as that depicted below: 

~~ "x 
H-O--H* O-H  H-O H—O-+Ht 

if + | =e | + 

(x 
é& H-o O-H O- 
| + ; —> | + | 
H H 

7. Molar conductivity of ions. Kohlrausch discovered (p. 369) that the 

molar conductivity at infinite dilution of a solution was equal to the 

sum of the molar conductivities of the ions concerned, e.g. 

A (NaCl) = A(Nat) + A(CI-) 

The similarity of this relationship to that between A, and the electric 
mobilities of the ions, e.g. 

Ag(NaCl) = 96487vq.* + 964870¢,- 

suggests that the molar conductivity of an ion is equal to its electric 
mobility multiplied by 96487, and this, in fact, is the real significance of 
the term molar conductivity, 

Molar conductivity = Electric mobility x 96487 

Values for molar conductivity, summarised in the table above, are, 
therefore, readily obtainable from transport number and Ay values. 

QUESTIONS ON CHAPTER 41 

1, Distinguish between the meaning of the terms transport number of an ion, 
molar conductivity of an ion and electric mobility of an ion. Show how the terms 
are related. 

2. Summarise the evidence which supports the suggestion that anions move 
towards the anode during electrolysis. 

3. In a transport number measurement on a solution of silver nitrate(v) using 
platinum electrodes the mass of silver in the anode compartment fell from 
10.075 g to 9.420 g, whilst that in the cathode compartment fell from 8.346 g 
to 7.517 g. Calculate the transport number of the NO;7 ion. 

4, In a measurement of the transport numbers of Ag* and NO;°~ ions using a 
solution of silver nitrate(v), a current which deposited 32.2 mg of silver in a silver 
voltameter was used. The loss at the cathode, and the gain at the anode, corre- 
sponded to 16.8 mg of silver. What is the ratio of the speed of the cation to that of 
the anion? 
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5. A solution of sodium chloride containing 0.6 g per 100 g of solution was 
electrolysed using a silver anode. 0.5 g of silver were deposited in a silver volta- 
meter in series with the transport number cell during the electrolysis, and, after 
electrolysis, it was found that 47.51 g of solution from around the anode con- 
tained 0.1826 g of sodium chloride. Calculate the transport numbers of the 
Na? and Cl> ions. 

6. In an electrolysis of a 4 per cent solution of silver nitrate(v), 0.3208 g of 
silver were deposited on the cathode, whilst the amount of silver in the cathode 
compartment fell from 1.4751 to 1.3060 g. Calculate (a) the transport number of 
the NO3;~ ion, and (6) the loss of silver in the anode compartment. 

7. In a measurement of transport number by the moving boundary method the 
boundary between a 0.02M solution of sodium chloride and a solution of 
cadmium chloride was found to move 60 mm in 2070 s in a tube of cross section 
0.12 cm?. The steady current flowing was 0.0016 amp. Calculate the transport 
number of the Nat ion. 

8. The order in which the alkali metals become hydrated is 

iNav Rib Cs 

What experimental evidence can you put forward to support this statement, and 
what is the theoretical background to the statement? 
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Corrosion 

1. Metallic couples. When two different metals are immersed, apart from 

each other, in a solution of an electrolyte, a potential difference is set up 

between them, and a current will flow if they are connected. This connec- 

tion can be made either externally or internally. 

Consider, for example, zinc and copper. If immersed in dilute sul- 

phuric(v1) acid and connected externally they form the cell 

—ve pole -+ve pole 

Zn | dil. H,SO, | Cu 
Zn(s) —> Zn?+ + 2e H*+(aq) + le —> 4H,(g) 

If the zinc and copper are connected internally, by allowing them to touch 

within the acid, a similar cell, constantly short-circuited, will be set up, and 

hydrogen gas will bubble off from the copper. Such an arrangement is 

known as a galvanic or metallic couple. 

A piece of pure zinc will react only very, very slowly with dilute sul- 

phuric(v1) acid, because the conversion of H*(aq) ions into hydrogen gas is 

difficult at a zinc surface; hydrogen has a high overvoltage on zinc (p. 440). 

If the pure zinc is touched, within the dilute sulphuric(v1) acid, by a copper 

or platinum wire, however, evolution of hydrogen will quickly take place 

from the copper or platinum surface. Similarly, evolution of hydrogen can 

be expedited by adding a little copper(m) sulphate(v1) or platinum(tv) 

chloride solution. This causes a deposit of copper or platinum on the zinc 

surface, and the establishment of a lot of galvanic or metallic couples. 

Wiping away the deposited copper or platinum from any part of the zinc 

surface will stop the evolution of hydrogen at that part of the surface quite 
noticeably. 

2. Galvanised iron. Coating iron with zinc to form galvanised iron is a very 

common method of rust prevention, but a metallic couple of zinc and iron 

is immediately set up if the zinc coating becomes imperfect and, if a 

solution of an electrolyte, or even water, is present, corrosion will take 
place. 

The cell set up will be 

—ve pole +ve pole 

Zn | H,0 | Fe 
Zn(s) —> Zn?+(aq) + 2e H*+(aq) + le —> 4H,(g) 

and zinc ions will be formed at the zinc surface whilst hydrogen will form 
at the iron surface. The process can be summarised as in Fig. 154. 

The zinc will slowly corrode away, being in fact converted into zinc 
hydroxide, but the iron will not corrode, i.e. it will not rust. 

The zinc is referred to as a sacrificial coating, or it is said to provide 
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cathodic protection. In the corrosion process, electrons are being taken from 
the iron, 

2H*(aq) + 2e —> H.(g) 

which is, therefore, acting as the cathode, with the zinc as the anode. 

Zn(OH), ‘Hp 

Zn** 20H~ + 2H*~—2H,0 

IRON ve i Tet 
(cathode) 

Fic. 154, Cathodic protection of iron by zinc. 

Similar cathodic protection of underground iron pipes is provided by driving 
magnesium rods into the ground and connecting them to the iron pipes by in- 
sulated cables. Moisture in the soil provides the electrolyte, but the magnesium 
corrodes, and not the iron. 

3. Tin plate. Coating steel with tin is another very common method of pro- 

tecting iron, but it is very different in its effect from the use of a zinc 

coating. 
Once a tin coating is pierced, and a solution of an electrolyte, or even 

water is present, the cell set up will be 

—ve pole +ve pole 

Fe | H,O | Sn 

Fe(s) —» Fe?+(aq) + 2e Ht(aq) + le —> 4H,(g) 

Fe?+ ions will be formed at the iron surface, whilst hydrogen will form at 

the tin surface (Fig. 155). 

2H20 

+ ce H» 

20H + Fe** —> Fe(OH)2 
TIN | 

(cathode) 

IRON Fe 
(anode) 

Fic. 155. Corrosion of iron at an imperfection in a tin coating. 

The tin is not, in general, a sacrificial coating, and the iron, once corro- 

sion begins, acts as the anode. The Fe?* ions and iron(m) hydroxide formed 

are ultimately converted into rust (p. 462) so that, although tin plating 



462 Introduction to Physical Chemistry 

prevents rusting so long as the plating is perfect, it encourages rusting 

once any imperfections arise. 

Zinc is, therefore, in many ways, a better protective material for iron, 

but it cannot be used where foodstuffs are concerned because zinc salts are 

poisonous. That is why tin cans are used so widely for the preservation of 

food, and why zinc plating is limited to such articles as buckets and dust- 
bins. 

Under certain circumstances, tin does become a sacrificial coating for iron. In 
the presence of fruit juices, for example, the formation of complex anions of tin 
with acids such as citric acid makes the tin into the anodic region in relation to 
iron. 

4. Rusting of iron. It is well known that rusting of iron requires the presence 

of both water and oxygen, but the formation of rust is not fully understood 

in all its aspects. No two examples of rusting are probably exactly alike, 

and rust, itself, is of variable composition; it consists of a hydrated form 
of iron(m) oxide, Fe,O; . xH,0. 

Two factors which largely contribute to the origin of rusting are im- 

perfections in the iron surface and the different availability of dissolved 
oxygen in the solution in contact with the iron. 

a. Imperfections in iron. Even very small imperfections in an iron surface, 

caused by chemical impurities or unequal strains during mechanical 

H20 

2H* 20H™ Fe(OH) dissolved RUST 
e ? H,0 OH Fett J 2 Q (Fe,0;.xH,0) 

IMPURITY, OR 
CATHODIC 

AREA / 

‘“ANODIC 
Fe (ne ) 

!RON 

Fic. 156. The rusting of iron initiated at a surface impurity. 

treatment, will give rise to a heterogeneous surface in which some points 
will act as anodes and others as cathodes if the iron is in contact with a 
solution of an electrolyte. 

At the points acting as anodes, iron will form Fe?+ ions, and at the points 
acting as cathodes, hydrogen will be produced. Iron in contact with tin 
provides a comparison (Fig. 155), only exaggerated by the excessive nature 
of the impurity (tin). 
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The hydrogen formed at the cathodic points will hinder the ionisation 
processes taking place unless it is removed. This is where the oxygen comes 
in, for dissolved oxygen in the water or solution present, will react with the 
hydrogen to form water. 

The Fe?* ions liberated at the anodic points pass into solution, where, 
together with the OH~ ions present, they form iron(m) hydroxide, which is 
oxidised by dissolved oxygen to form rust. 

The rust is, in fact, formed by a secondary process. Generally this 

process takes place within the solution, the Fe?* ions diffusing away from 

the iron surface. If this is so, the rust does not form a protective layer on 

the iron. If the solution contains a lot of dissolved oxygen, however, the 

Fe’* ions will be converted into rust more quickly, and a protective layer 

may be formed on the iron surface. Excess oxygen can, in this way, retard 
continued rusting. 

The formation of rust may be summarised as in Fig. 156. 

b. Differential aeration. Even a piece of iron without any surface imperfec- 

tions will rust if the dissolved oxygen in contact with it is at different 

concentrations over the surface. This will be so when a piece of iron is half- 

immersed in water or a solution of an electrolyte. More dissolved oxygen 

will be available at the surface of the water than in the interior. Conversion 

of H* ions into water will, therefore, be easier at the surface of the water 

than in the interior, and the iron in the region of the water surface will be 

cathodic. Consequently, iron below the surface will be anodic, and it is 

here that rusting takes place. 

This accounts for the fact that rust is known to form at points where the 

oxygen supply is limited. On partially painted iron, for example, rust 

formation is greatest underneath the paint layer. Rust also forms at the 

centre of a drop of water placed on an iron surface, rather than at the 

edges of the drop. Rusting, moreover, often causes deep pitting in iron. 

This is because a pit gets deeper and deeper, once it has started, as oxygen 

is less available at the bottom of the pit so that the main rusting occurs 

there. 

c. Summary. The mechanism of rusting may be summarised as follows: 

In regions of lower oxygen concentration 

Fe(s) —» Fe?+(aq) + 2e (in anodic region) 

Dissolved 4+ OH- Rust (in solution, in vicinity of 2+, Fe**(aq) + oxygen anodic region) 

In regions of higher oxygen concentration 

H+t(aq) + le—>H (in cathodic region) 
Dissolved 

2H + Orveen —-> H,0(l) (in cathodic region) 
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5. Experimental demonstrations of rusting. The essential correctness of the 
mechanism of rust formation outlined in the preceding sections can be 

demonstrated by the following experiments. Solutions of electrolytes are 

used instead of water as they speed up the ionisation processes involved. 

a. Two similar strips of iron immersed in sodium chloride solution, as in 
Fig. 157, will exhibit no potential difference, if the oxygen supply is turned 

Fe->Fe** +2e 2H* +0 +2e+H20 

Fic. 157. The effect of differential aeration on the rusting of iron. 

off. When one of the strips is provided with more oxygen, however, by 
bubbling oxygen over it, a potential difference can be recorded. 

The oxygenated-strip will be the positive pole of the cell, i.e. electrons 
will be flowing into the oxygenated strip, showing that the discharge of 
H* ions, 

2H* (ag) + PsOe” + 2e —> H.0() 
is taking place more readily at this strip than at the one without the external 
supply of oxygen. 

After a time, removal of H+ ions from the right-hand beaker will leave 
the solution with an excess of OH™ ions, ice. it will be alkaline, and this 
can be detected by adding an indicator. In the left-hand beaker, the change 

Fe —> Fe’+ + 2e 

will be taking place, i.e. iron will be rusting in the region away from the 
more readily available oxygen. After a time, the presence of Fe?+ ions in 
the solution in the left-hand beaker can be detected by adding potassium 
hexacyanoferrate(m) solution. 
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If the oxygen be supplied to the left-hand strip of iron instead of to the 

right-hand strip, everything is reversed. 

b. A large drop of sodium chloride solution, containing a little potassium 

hexacyanoferrate(m) and phenolphthalein, placed on a clean sheet of iron 

will soon be coloured in fairly distinct zones. 

The edges of the drop turn pink. The removal of H+ ions in the regions 

where oxygen is most readily available leaves these regions with excess OH 

ions which turn the phenolphthalein pink. 
The centre of the drop is blue. The Fe?* ions, formed away from the 

more readily available oxygen, give a blue precipitate with potassium 

hexacyanoferrate(m). 
Between the blue centre and the pink outer ring, a ring of rust forms. 

Fe?+ ions diffusing away from the central area come into contact with 

excess OH~ ions, and some oxygen, to form rust. 

c. Specimens of iron stored in dry air or air-free water will not rust, even 

after prolonged storage. 

d. A strip of clean iron half-immersed in a solution of sodium chloride will 

be found to form rust below the surface of the solution. 

6. Passivity. Some metals, particularly iron, nickel, cobalt and chromium can be 
rendered passive, i.e. unreactive, by treatment which covers them with a thin 

coating of oxide. 
An iron nail, for example, dipped into copper(m) sulphate(v1) solution is im- 

mediately coated with copper. If the same iron nail is first dipped, by a thread, 

into concentrated nitric(v) acid, and then washed in water, it will not be coated 

with copper on dipping into copper(m) sulphate(v1) solution. As soon as the nail 

is touched, however, it loses its passivity due to breaking of the oxide film. 

Similarly, a piece of stainless steel will corrode quite noticeably when placed in 

hot, concentrated hydrochloric acid because the acid breaks down the surface 

layer. Addition of concentrated nitric(v) acid to the mixture results, at first, in an 

increased rate of corrosion, but when sufficient nitric(v) acid has been added to 

give a strongly oxidising mixture, the corrosion suddenly stops as the oxide layer 

is once again built up on the steel surface. 

Other oxidising agents, and electrolytic treatment with the metal as the anode, 

can also be used for rendering metals passive. 

QUESTIONS ON CHAPTER 42 

1. What sort of corrosion would you expect at a zinc surface imperfectly coated 

with a layer of tin? 
2. The rusting of iron can be inhibited to some extent by (a) adding sodium 

sulphate(rv), (6) adding sodium borate(m), (©) adding zinc sulphate(v1), or (d) 

adding sodium carbonate. Suggest reasons for the inhibiting effect of these 

substances. 
3. A piece of iron immersed in some water is found to rust quite rapidly, but 

when another'sample of the same iron is constantly whirled round in the same 

sort of water it does not rust. Explain why this is so. 
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4. Discuss the various methods which have been used to prevent rusting of iron. 
5. Write short notes on (a) cladding, (6) Calorising, (c) Sherardising, (d) cold 

galvanising, (e) anodising. 
6. What factors determine the nature of the reaction (if any) that takes place 

when a metal is immersed in an aqueous solution of an acid? Suggest explana- 
tions of the following observations: (a) impure commercial zinc dissolves more 
rapidly in dilute sulphuric(v1) acid than high-purity zinc, (6) iron is not attacked 
by concentrated nitric(v) acid at room temperature, (c) amalgamated aluminium 
is rapidly attacked by cold water, whereas the unamalgamated metal is almost 
unattacked. (C. Schol.) 

7. White lead, which is important in the paint industry, is manufactured by 
encouraging the corrosion of lead. Describe how this is done. 

8. Collect together some examples of the use of metallic couples in organic 
chemistry. 

9. Explain carefully what will happen if a strip of magnesium ribbon is cleaned 
with emery paper, dipped into silver nitrate(v) solution, washed in cold water, 
and then dipped into warm water. 

10. Anodic processes are electron-producing whilst cathodic processes con- 
sume electrons. Illustrate this statement. 

11. How would you determine the composition of a sample of rust? 
12. What experiments would you carry out to try to decide whether or not 

atmospheric carbon dioxide played any part in the rusting of iron? 
13. Explain why it is that copper will slowly dissolve in dilute sulphuric(v1) 

acid, to form copper(1) sulphate(vi), if air is blown through the mixture. 
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Electronic theory of oxidation and reduction 

1. Transfer of electrons. The term oxidation was first used to mean the 

addition of oxygen to an element or compound or the removal of hydrogen 
from a compound. Reduction meant the addition of hydrogen to an ele- 

ment or compound, or the removal of oxygen from a compound. Such 

definitions have, however, been extended and, nowadays, many oxidation- 

reduction, or redox, reactions are best interpreted in terms of transfer of 
electrons. 

The conversion of iron(t) into iron(m) oxide, 

4FeO(s) + O,(g) —~> 2Fe,0;(s) 

is clearly an oxidation of the iron(t) oxide, but the conversion of iron(1) 

chloride into iron(m) chloride is an analogous change, 

2FeCl,(aq) + Cl,(g) —> 2FeCl,(aq) 

and is, therefore, regarded as an oxidation of the iron() chloride, even 

though oxygen is not involved. Chlorine is the oxidising agent. 
This change can be simplified, and regarded as a conversion of iron(m) 

into iron(m) ions, 

Oxidation 

Fe?*+ (aq) ————> Fe?t (aq) + le 

The reverse change will be a reduction, 

Reduction 

Fe?+(aq) + le ——— Fe?*(aq) 

Oxidation can, therefore, be regarded as the loss of electrons, and reduction 

as the gain of electrons. 

An oxidising agent must be a substance which will take electrons, whilst 

a reducing agent will give electrons. 

Oxidation 

= A G+ Electrons 
Reduction 

(R.A.) (O.A.) 

In a redox reaction there is a transfer of electrons, the oxidising agent 

taking electrons from the reducing agent. Such a transfer can be readily 

demonstrated using the apparatus shown in Fig. 158. A current flows 

through the galvanometer because the following changes take place: 

a. In right-hand beaker, 
Reduction 

Fe?+(aq) + le ———~ Fe’*(aq) 

(O.A.) 

The formation of iron(m) ions in the beaker can be shown by adding 

potassium hexacyanoferrate(m1). The iron(m) ions are gaining electrons and 
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therefore being reduced. In other words, they are taking electrons and 
acting as oxidising agents. 

b. In left-hand beaker, 
Oxidation 

I-(aq) ——— iI,S) + le 
(R.A.) 

The formation of iodine in the beaker can be seen, and demonstrated by 

adding starch solution. The iodide ions are losing electrons and being 
oxidised; they are acting as reducing agents. 

Galvanometer 

Flow of 
(&— electrons 

Liquid bridge 

I--+ $I, +1e Fe?++1e—>Fe?* 
R.A.) (0.A.) 

Fic. 158. Electron transfer in a redox reaction. 

The overall change taking place is 

Fe**(aq) + I- (aq) —> Fe?*(aq) + 41,9) 
(O.A.) (R.A.) 

the K* and Cl~ ions playing no significant part. 
The current produced by a Daniell cell (p. 424) also originates from the 

electron transfer in a redox reaction. The overall change is 

Cu?*(aq) + Zn(s) —> Zn?+(aq) + Cu(s) 
(O.A.) —_ (R.A.) 

made up of the two stages 

Oxidation Reduction 
Zn(s) ————> Zn?*(aq) + 2e Cu?*+(aq) + 2e ———> Cu(s) 
(R.A.) (O.A.) 

2. Potassium manganate(vi) (permanganate) and potassium dichromate(v1). 
Redox reactions always involve a transfer of electrons, and, in more 
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complicated cases, this may also be accompanied by a rearrangement of 

atoms. This is so when potassium manganate(vm) and dichromate(v1) act 

as oxidising agents. 

a. Potassium manganate(vm). The oxidising action of potassium man- 

ganate(vm) in sulphuric acid solution can be represented, in terms of 

oxygen, as 

2KMnO, —> K,0 + 2Mn0O + [SO] 
or 

2KMnO, + 3H,SO, —» K,SO, + 2MnSO, + 3H,0 + [50] 

Written ionically, this becomes, 

2MnO,~ (aq) + 6H+ (aq) —> 2Mn?*(aq) + 3H,0() + [SO] 

and if the available oxygen be converted into water 

[5O] + 10H*(aq) + 10e —» 5H,O(1) 

it becomes 

2MnO,~(aq) + 16H*(aq) + 10e —» 2Mn?* (aq) + 8H,O0(1) 

or 

MnO,~(aq) + 8H+(aq) + 5e —» Mn?t(aq) + 4H20() 

b. Potassium dichromate(v1). The corresponding equations for potassium 

dichromate(v1) are 

K,Cr,0, —> K,0 + Cr,0; + [30] 
K,Cr,0, + 4H,SO, —> K,SO, + Cr,(SO,); + 4H,0 + [30] 

Cr,0,?-(aq) + 8H*(aq) —> 2Cr°*(aq) + 4H,0() + [30] 
[30] + 6H*(aq) + 6e —> 3H,0() 

Cr,0,?-(aq) + 14H*(aq) + 6¢ —> 2Cr?* (aq) + 7H20() 

3. Redox potentials. The strengths of oxidising and reducing agents vary, 

and the terms are relative ones. Potassium manganate(vm) will generally 

oxidise hydrochloric acid to chlorine, but potassium dichromate(v1) will 

not. So far as hydrochloric acid is concerned, potassium dichromate(vI) is 

not an oxidising agent. Aluminium will reduce chromium(im) oxide to 

chromium, but hydrogen will not. In relation to chromium(m1) oxide, 

hydrogen is not a reducing agent. 

The ionic interpretation of redox reactions enables a numerical com- 

parison of oxidising and reducing powers to be made by using standard 

electrode potentials. 

The standard electrode potential of zinc, for instance, is — 0.76 volt, and 
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a zinc electrode will be the negative pole when combined with a standard 

hydrogen electrode (p. 426). This is because the change 

Zn(s) ——» Zn?*(aq) + 2e 

takes place more readily than the change 

4H,(g) —> H*(aq) + le 

In other words, zinc will give electrons more readily than hydrogen will. 

Zinc is, therefore, a stronger reducing agent than hydrogen under standard 

conditions. Alternatively, zinc ions are weaker oxidising agents than H+ 
ions. 

Copper, with a positive electrode potential, is a weaker reducing agent 

than hydrogen; copper(i) ions are stronger oxidising agents than H+ ions. 

It will be seen, then, that the standard electrode potentials of the metals 

(p. 428) give a numerical comparison of the strengths of metals as reducing 
agents, and of the strengths of their ions as oxidising agents. The standard 

electrode potentials of metals are also their standard redox potentials. 

Similar redox potentials for a change of one ion into another ion, instead 

of a metal into an ion, can also be obtained experimentally. Fe?+ ions, for 
example, are reducing agents, 

Fe?* (aq) —> Fe*+(aq) + le 

Are they better or poorer reducing agents than hydrogen?, 

+H,(g) —> H*(aq) + le 

This can be decided by setting up a cell represented as 

—ve pole -+ve pole 
' 3+ -3 i _3\ | Fe**{aq) (1 mol dm~3) 

H,/Pt | H*+(aq) (1 mol dm~$) Fe?+(aq) (1 mol dm-3) Pt 

with a platinum electrode dipping into a solution containing Fe?+ and 
Fe?* ions, both at a concentration of 1 mol dm~3, connected to a standard 
hydrogen electrode. The platinum electrode serves simply as a conductor 
and a catalyst, and two changes might take place in the right-hand half 
of the cell, 

Fe?*(aq) + le —» Fe?*(aq) 
or 

Fe?* (aq) —> Fe*+(aq) + le 

The right-hand electrode is found to be the positive pole of the cell, which 
has an e.m.f. of 0.76 volt, and the change 

Fe*+(aq) + le —» Fe?+(aq) 

must be taking place more readily than the change 

H*(aq) + le —> 3H,(g) 
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Fe** ions are, therefore, stronger oxidising agents than H* ions, whilst 
Fe?+ ions are weaker reducing agents than hydrogen. +0.76 is the redox 
potential for the change, 

Fe*+ + le —> Fe?t 

or for the Fe*+ /Fe*+ couple. 

4. Some uses of redox potentials. Some typical values of redox potentials 
are given below. Other standard electrode potentials from p. 428 can also 
be fitted into this list. 

Oxidising agents Reducing agents 
(take electrons) (give electrons) 

¥ ¥ 
Lit + le <———___—_—_—_» Li —3.04 
Nat + le<———__—_—__» Na —2.71 

Zn?* + 2e<——______——_» Zn —0.76 
< Ht + le <———_——__> || <}H, 0.00 
° S+2H* + 2e<——__»> |#“H,S +0.14 
g Sn‘* + 2e<——_____»_ | 5 Sn’+ +0.15 
¢ Fe(CN).?~ + le <————>_ | # Fe(CN,)‘~ +0.48 
a@4Lh+1le <—————> | 3aI- +0.54 
& Fes+ + le<——_____» _| 2 Fe’+ +0.76 
£ 4Br, + le <——_——_> | $Br- +1.07 
a Cr,077- + 14Ht +6e <—> =2Cr+ a 7H,0 +1.33 

4Cl, + le <————_——_—_> Cis +1.36 
MnO,~ + 8H+ + 5e <——> Mn?* + 4H,O +1.52 

| 4F, + le <—__—_—_—__» ES +2.80 

The figures given refer to standard conditions in aqueous solution at 25°C. 

a. Possibility of reaction. An oxidising agent will oxidise any reducing 

agent higher on the list, and a reducing agent will reduce any oxidising 

agent lower on the list. But these criteria give no indication of the rate at 

which any particular reaction will take place; that is a matter of kinetics 
(p. 306). 

It will be seen that lithium is the strongest reducing agent given, and 

it will reduce any of the oxidising agents below it. The well-known metallic 
replacement reactions are, in this way, to be regarded as redox reactions, 

e.g. 

Li + NaCl — LiCl + Na 
or Li(s) + Na*(aq) —> Li*(aq) + Na(s) 

(R.A.) (O.A.) (Weaker (Weaker 

O.A.) R.A.) 



472 Introduction to Physical Chemistry 

Fluorine is the strongest oxidising agent and it will oxidise any of the 

reducing agents above it, e.g. 

4F,(g) + Cl-(aq) —> 4ClL(g) + F (aq) 
(O.A.)  (R.A.) (Weaker (Weaker 

O.A.) R.A.) 

b. Potassium manganate(vu) and dichromate(v1). The oxidising action of 

these substances involves Ht ions, and, in measuring the redox potentials 

given, a H+ ion concentration of 1 mol dm~ is specified. Under these 
conditions, manganate(vu) will oxidise chlorides, bromides and iodides, 
but not fluorides. Dichromate(v1) will oxidise bromides and iodides, but 

not chlorides or fluorides. 
At a pH of 6, however, the redox potential for MnO,~/Mn?* is +0.93, 

i.e. the manganate(vml) is a weaker oxidising agent. Under these conditions 

it will oxidise iodides but not chlorides, bromides or fluorides. At a pH of 3, 

manganate(vm) will oxidise iodides and bromides, but not chlorides or 

fluorides. 

c. Effect of complex ion formation. The formation of a complex ion usually 
changes the strength of an oxidising or reducing agent. The redox potential for 
Fe?+/Fe?+ is +0.76; that for Fe(CN)-/Fe(CN).*~ is +0.48. Hexacyano- 
ferrate(m) ions are, therefore, weaker oxidising agents than iron(m) ions, whereas 
hexacyanoferrate(m1) ions are stronger reducing agents than iron(m) ions. 

Similarly FeF,*~ ions are very weak oxidising agents, and iron(II) ions will 
not oxidise iodides in the presence of fluorides because of the formation of 
FeF,?- complex ions. 

Cobalt(m), Co?*, compounds are very weak reducing agents (the redox 
potential for Co*+/Co?* is +1.82) and can only be oxidised to cobalt(m), Co**, 
compounds by very strong oxidising agents such as fluorine, sodium bismuthate 
and ozone, or by electrolytic oxidation (p. 445). The resulting cobalt(m) com- 
pounds are very strong oxidising agents which are very unstable because they 
react even with water to reform cobalt(m) compounds. In the presence of cyanide 
ions or ammonia, however, complex cobalt(m) ions, e.g. Co(CN)- and 
Co(NH:;),**, are formed. These complexes are so stable, and such weak oxidising 
agents, that they are formed by the atmospheric oxidation of cobalt(11) compounds 
in the presence of CN™ ions or ammonia. 

5. Oxidation number or oxidation state. The oxidation number or state of 
elements in ionic compounds is equal to the charge on their ions in the com- 
pound. 

Oxidation numbers can also be allotted to elements in covalent com- 
pounds. This is done, on an arbitrary basis, by taking the oxidation 
numbers to be equal to the charges which the various atoms in a compound 
would carry if all the bonds in the compound were regarded as ionic 
instead of covalent. In doing this, a shared pair of electrons between two 
atoms is assigned to the atom with the greater electronegativity (p. 188). 
Or, if the two atoms are alike, the shared pair is split between the two, one 
electron being assigned to each atom. The resulting charges on the various 
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atoms when the bonding electrons are assigned in this way are the oxida- 
tion numbers of the atoms. 

Some examples of oxidation numbers of atoms in different compounds 
will illustrate the usage: 

C H, N H; H, O HF 
—4 +1 —3 +1 +1-2 +1-1 

Cl F I Ch I F, 
+1 -1 +3 -1 +5 -1 

C H; Cl C H, Ch C Cl, 
—24+1 -1 O +1 -1 a4 

The following points should be noted: 

i The. algebraic sum of the oxidation numbers of all the atoms in-an 

uncharged compound is zero. In an ion, the algebraic sum is equal to the 

charge on the ion, e.g. 

N H,t O H- 
—3 +1 —2 +1 

ii All elements in the elementary state have oxidation numbers of zero, 

shared pairs between like atoms being split equally between them. 

ili As fluorine is the most electronegative element it always has an oxidation 

number of —1 in any of its compounds. 

iv Oxygen, second only to fluorine in electronegativity, has an oxidation 

number of —2 in almost all its compounds, 

Mg O Fe, O; C O, Mn, O, Gr O; 5 

+2 —2 +3 —2 +4 -—2 +7 —2 +6 -2 

Exceptions are provided by fluorine monoxide and the peroxides, 

ee xx 2- 

BeQuunet [ :020% 
ta 20 oO 

=—1 +1 

the oxidation number of the atoms in the peroxide ion being calculated 

by splitting the shared pair between the two oxygen atoms linked to- 

gether. 

v In all compounds, except ionic metallic hydrides, the oxidation number 

of hydrogen is +1, e.g. 

H Cl H, O N H; Li H Ca H, 
+1 -1 +1 —2 —3 +1 +1-1 +2 -1 

vi In compounds containing more than two elements, the oxidation 

number of any one of them may have to be obtained by first assigning 

reasonable oxidation numbers to the other elements. In sulphuric(v1) 

acid, H,SO,, for example, the most reasonable oxidation numbers for 
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hydrogen and oxygen are +1 and —2, which gives sulphur an oxidation 
number of +6. Other examples are, 

H, S O; K Mn O, K, Cr, O, KG O, 

+1 +4—-2 +1 47 -2 +1 46 —2 +1 +7 -2 

vii Some elements may have widely different oxidation numbers in different 

compounds as is shown by the following compounds of manganese, 
chromium, nitrogen and chlorine: 

NH, | N.H, | NH,OH 
NH,*+ 

HCl 

viii When an element is oxidised its oxidation number is increased. When 

an element is reduced its oxidation number is decreased. 

Change in oxidation number can be used to decide whether an oxida- 
tion or a reduction has taken place. In the change from chloromethane 
to dichloromethane, for example, 

C H; Cl—>C H, Cl, 
ot =i OLE —4 

the oxidation number of carbon is increased from —2 to 0. The carbon 
is therefore being oxidised. 

6. The Stock system of nomenclature. Oxidation numbers provide the basis 
for the Stock system of naming chemical compounds, which is rapidly 
becoming widely used and which is recommended by the IUPAC (p. 428). 
Some examples of Stock names will illustrate the system. 

a. Binary compounds of metals with non-metals: 

MnCl, Manganese(n) chloride Fe,0; Iron(m) oxide 
MnCl, Manganese(m) chloride Fe3,0, Tron(m), (mm) oxide 
MnO, Manganese(Iv) oxide PbO, Lead(iv) oxide 
Mn,0, Manganese(vil) oxide Pb;0, —Dilead(), lead(iv) 

oxide 

b. Binary compounds of non-metals with non-metals: 
N,O Nitrogen(1) oxide Cl,0 Chlorine(1) oxide 
NO Nitrogen(m) oxide clo, Chlorine(1v) oxide 
NO, Nitrogen(Iv) oxide 
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c. Acids: 

HNO, Nitric(v) acid H,SO, Sulphuric(v1) acid 

HNO, Nitric(m) acid H,SO; Sulphuric(1v) acid 

d. Anions and cations: 

NO,- Nitrate(m) ion So,- Sulphate(1v) ion 
NO;7 Nitrate(v) ion SO,?- Sulphate(v1) ion 
Cu(H,0),?+ Tetraquocopper(i1) Ag(NHs3),+ Diamminesilver() 

ion ion 

Other examples of Stock names for complex ions and acids are given on 

pp. 480-1. 
The oxidation numbers must be used in naming such substances as 

iron(m) chloride, FeCl, and iron(m) chloride, FeCl,, where confusion 

would otherwise arise. But in naming a substance such as Al,O; which 

ought, systematically, to be called aluminium(m) oxide the oxidation 

number can be omitted for it is not really necessary. 

7. Balancing redox reaction equations. In balancing a redox reaction equa- 

tion the reactants and products must, of course, be known, but there are 

three possible ways (and variations of them) for setting about balancing the 

equation. 

The oxidation of iron(m) sulphate by potassium manganate(vm) in the 

presence of dilute sulphuric(v1) acid will be taken as an illustration. 

a. Using half-equations involving oxygen atoms. Potassium manganate(vi) 

acts as an oxidising agent in acid solution according to the equation, 

2KMnO, —> K,0 + 2Mn0O + 50 

In the presence of dilute sulphuric(v1) acid, the two basic oxides formed 

react, 
K,O + H,SO,—~> K,SO, + H,0 

2MnO + 2H,SO,; —> 2MnSO, + 2H,0 

so that the equation for the reaction of potassium manganate(vi) as an 

oxidising agent in the presence of dilute sulphuric(v1) acid becomes, 

2KMnO, + 3H,SO, —» K,SO, + 2MnSO, + 3H,0 + 50 i 

Iron(1) sulphate is oxidised, in acid solution, according to the equation, 

2FeSO, + H,SO, + O —> Fe,(SO,)3 + H20 ii 

Combination of the two half-equations, i and ii, gives the final equation, 

ii being first multiplied by five. 

2KMnO, + 8H,SO, + 10FeSO, 

——— > K,SO, + 2MnSO, + 8H,O + 5Fe,(SO,)5 
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b. Using half-equations involving ions and electrons. The manganate(vit) 
ion, in acid solution, acts as an oxidising agent according to the equation, 

MnO,~ (aq) —> Mn?* (aq) 

To balance this, electrically and atomically, it must be written as 

MnO," (aq) + 8H*(aq) + 5e —»> Mn?+(aq) + 4H,0(1) i 

Iron(i1) ions are oxidised, in acid solution, according to the equation, 

Fe?*+ (aq) —» Fe?+(aq) + le ii 

To combine the two half-equations, i and ii, it is necessary to multiply ii by 
five. When this is done, and the equations are combined, the result is 

MnO," (aq) + 8H*(aq) + 5Fe?*(aq) 
—> Mn’*(aq) + 5Fe*+(aq) + 4H,0(1) 

Conversion of the ions into molecules, if required, gives the result, 

2KMnO, + 8H,SO, + 10FeSO, 

———> K,SO, + 2MnSO, + 8H,0 + SFe2(SO,)3 

c. Use of oxidation numbers..The reaction between potassium man- 
ganate(vm) and iron(m) sulphate, in acid solution, is represented, in an 
unbalanced equation, by 

MnO," (aq) + H*(aq) + Fe?* —>» Fe+ + Mn?+(aq) + H,0() 
tai 2 aS “2 ; 

The change in oxidation number of the iron, which is oxidised, is +1 
whilst that of manganese, which is reduced, is —5. To balance these two 
changes the equation must be written as 

MnO, (aq) + H+(aq) + 5Fe?*(aq) 
—> 5Fe**(aq) + Mn?+(aq) + H,0() 

Once this has been done, the ratios of oxidising agent and reducing agent 
must not be altered. 

Next, balance the electrical charges by writing, 

MnO," (aq) + 8H*(aq) + SFe?*+(aq) 
—> 5Fe** (aq)+ Mn?+(aq) + H,0(1) 

Finally, balance the numbers of atoms by writing, 

MnO," (aq) + 8H*(aq) + 5Fe?*+(aq) 
—> 5Fe**(aq) + Mn?*+(aq) + 4H,0(1) 

If required, convert the ions into molecules, as follows, 

2KMnO, + 8H,SO, + 10FeSO, 
—> K,SO, + 2MnSO, + 8H,O + 5Fe,(SO,), 
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8. Common oxidising agents. The functioning of some common oxidising 

agents is summarised below: 

Reagent 

KMn0O, in acid solution 
KMn0O, in alkaline solution 
K,Cr,O7, in acid solution 
Dilute HNO, 
Concentrated HNO; . 
Concentrated H,SO, . 
Manganese(iv) oxide . 
Chlorine . 
Chloric(1) acid 
KIO, in dilute acid 
“KIO; in concentrated acid . 

Decrease in 
Effective change oxidation 

number 

MnO,- —> Mn?+ 
MnO,- —» MnO, 
Cr,0575 — pe Crs 

NO,- —> NO 
NO,- —> NO, 
Sso?-—> SO, 
MnO, —> Mn?+ 

Cl —> Cl- 
ClO- —> Cl- 
JO,- —> I 
IO;- —> I- RANK NNR WWWN 

9. Common Reducing Agents. The functioning of some common reducing 

agents is summarised below: 

Reagent 

Iron(i1) salts (acid) 
Tin(i1) salts (acid) 
Ethanedioates (acid) . 
Sulphates(rv) (acid) 
Hydrogen sulphide 
Iodides (dilute acid) 
Iodides (concentrated. acid) 
Metals, e.g. Zn . ; 
Hydrogen . 

Increase in 

Effective change oxidation 
number 

Fe?+ —-» Fe3+ 

Sn?+ —» Sn*+ 
C,0,?- —> CO, 

SO,7- —_—_ So2- 

s’-—> S 
I-—>I 
I-—T 
Zn —> Zn?+ 
H —> Ht 

1 
2 
1 
2 
2 
1 
2 
72 
1 

10. Disproportionation. When an element can exist in more than one oxidation 

state there is always the possibility of it being oxidised or reduced from one state 

to another. In some substances, too, an atom or an ion appears to undergo 

simultaneous oxidation and reduction, its oxidation number being both in- 

creased and decreased in the same reaction. A change of this sort is known as 

disproportionation. 

a. Copper(m) compounds. Copper(m) compounds do not exist in aqueous solution 

because hydrated cuprous ions undergo disproportionation, 

2Cu* (aq) —» Cu?*(aq) + Cu(s) 
1 2 0 
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to give both oxidation and reduction products, 

Oxidation Reduction 
Cu*(aq) ————> Cu?+(aq) + le Cut(aq) + le ————> Cu(s) 

The oxidation numbers show the simultaneous oxidation and reduction which is 
taking place. 

The redox potentials, 

i Cut(aq) <> Cu’+(aq) + le +0.15 

ii Cu(s) <—> Cu*(aq) + le +0.52 

show that the Cu* ions, acting as reducing agents in a, ought to reduce the Cut 
ions, acting as oxidising agents in b,and this is what happens. Copper(1) com- 
pounds, as a result, are only stable in the presence of water when they are in- 
soluble, e.g. copper(1) chloride, oxide, cyanide, sulphide and thiocyanate, or when 
they are stabilised by complex formation (p. 485). Thus copper(1) sulphate(v1), 
made in the absence of water by the action of dimethyl sulphate(v1) on copper(1) 
oxide, is decomposed by water into copper(11) sulphate(v1) and copper. 

b. Conversion of manganate(v1) into manganate(vi1). Manganate(v1) ions are only 
stable in solutions with a high hydroxyl ion concentration, i.e. high pH. If the 
PH of the solution is lowered, the manganate(v1) ions disproportionate into 
manganate(vl) ions and manganese(tv) oxide. The change is represented by the 
equation, 

3MnO,?- (aq) + 4H*(aq) == 2MnO,~(aq) + MnO,(s) + 2H,0() 
6 7 4 

which also shows the change in the oxidation states of the manganese. 
This conversion of manganate(v1) to manganate(vm) is encouraged in the 

preparation of potassium manganate(vm) by passing carbon dioxide into a solu- 
tion of potassium manganate(v1) obtained by fusing manganese(Iv) oxide with 
potassium hydroxide and an oxidising agent such as potassium nitrate(v). 

c. Disproportionation of free radicals. Free radicals (p. 343) may undergo dis- 
proportionation as, for example, in the formation of ethane and ethene from 
ethyl radicals formed by the Kolbe electrolysis of a solution of sodium pro- 
panoate, 

2C.2H; —> C.Hs + CH, 

QUESTIONS ON CHAPTER 43 

1. Write down the oxidation numbers of the atoms in the following compounds 
and ions: (a) H,SiO;, (6) POS-, (c) PH3, (d) CrF;, (e) Al,O3. 

2. What is the oxidation state of the metal in the following compounds: 
(a) FeCl;, (b) FeO, (c) Fe20s, (d) HgCl:, (e) Hg2Ch, (f) Hgs(PO,):, (g) CdCl, 
(A) Co.Ss, (i) KF? 

3. Give examples of sulphur-containing compounds or ions in which the oxida- 
tion number of sulphur is (a) —2, (6) —1, (c) 4, (d) 6. 

4. Arsenic, antimony and bismuth can exhibit oxidation numbers of —3, 3 
and 5. Illustrate this statement. 

5. What is the oxidation number of phosphorus in the following compounds: 
(a) P,O 109 (6) P.O, (c) H;PO,, (d) P2H,, (e) PH;, and of nitrogen in the following 
compounds; (f) N2Os, (g) NO2, (A) N2O., (i) HNO;,(/) NO, (k) N20, (J) NH,OH, 
(mm) N2H,, and (n) NH;? 

6. What are the oxidation states of chlorine in Cl-, Cl., HCIO,, HCl, HCIO, 
and HCIO,? 
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7. Use oxidation numbers to balance the following equations: 

MnO, + HCl —» MnCl, + H,0 + Cl, 
Cl, +1I- —>1I,+ Cl- 

I, + S,0,2- —>S,0,2~ + I- 
HNO, + H.S—>NO+S+H,0 

K.,Cr,0, + HC] —»> KCl - CrCl, + H,0 + Cl, 

NH; + 0, —> NO + H,0 
KI + H,SO, —> K,SO, + I, + H,S + H,0 

8. Complete and balance the following equations: 

I- + NO,- —> I, + NO (in acid solution) 
MnO,- —> MnO.?~ + O, (in alkaline solution) 

Fe?+ + Cr,0,?- —» Fe?* + Cr'*+ (in acid solution) 
clo, + OH- —>ClO,- + ClO;~ 

H,O, + MnO,~ —> Mn?* + O, (in acid solution) 
P —> PH; + H-,PO,° (in alkaline solution) 

9. Write balanced equations for the following reactions: (a) the reduction of 

iron(m) chloride to iron(m) chloride by aluminium, (6) the addition of tin(m) 

ions to acidified sodium dichromate(v1) solution, (c) the addition of sodium 

chlorate(1) to acidified iron(11) sulphate(v1) solution, (d)the addition of sulphate(tv) 

ions to acidified potassium manganate(vu), (e) the addition of hydrogen sulphide 

gas to concentrated nitric(v) acid. 
10. What will happen (a) when an M solution containing iron(m) and 

iron(m) ions is added to an M solution containing tin(m™) and tin(1v) ions, 

(6) when an iron rod is placed in a solution M with respect to H*, Cu’* and 

Zn2+ ions, and (c) when an M solution of iron(a) sulphate is added to an M 

solution of mercury(i) sulphate(v1)? 
11. Explain the following facts: (a) copper(1I) ions will oxidise iodide ions, but 

they will not do so in the presence of ethane-1,2—diamine, (b) chlorine will oxidise 

a solution of potassium manganate(v1) to potassium manganate(vu), but iodine 

will not do this, (c) the equilibrium pressure of hydrogen in the reaction of zinc 

with acid is higher than that of tin with acid, (d) the reducing power of hexa- 

cyanoferrate(1) ions is greater than that of iron(1) ions. 

12. Illustrate the statement that compounds containing an element in two 

different oxidation states, e.g. Prussian blue, are highly coloured. 

13. Compare and contrast the conceptions of the valency and the oxidation 

number of an element by choosing selected elements to illustrate your points. 

14, What names would be given to the following substances on the Stock sys- 

tem of nomenclature: Cl,0, HgO, Hg,0, Fe2S3, FeS, MnO2, PCI;, PCl;, SnCl, 

and SnCl,? 
15. Explain carefully why it is that copper(1) ions disproportionate in aqueous 

solution whereas iron(11) ions do not. 

16. Collect together some examples of disproportionation other than those 

given in this chapter. 
17. Illustrate the statement that the strength of the oxy-acids of an element, X, 

increases as the oxidation number of X increases. 

18. What part does the liquid bridge play in the apparatus shown in Fig. 158? 

Would any current flow through the galvanometer if the liquid bridge was 

removed? What would happen if the liquid bridge was replaced by a platinum 

wire? 
19. Illustrate the statement that oxidation may be regarded as a transfer of 

oxygen, a transfer of electrons, or a change in oxidation state. 
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Complex ions 

1. Typical examples. An ion formed from a single atom, e.g. CI- or Nat, 
is known as a simple ion, whereas ions containing more than one atom are 
known as complex ions. Such complex ions invariably consist of a simple 
ion linked to other ions, atoms or molecules. Even the very common ions 
such as the sulphate(v1), nitrate(v) and hydroxide ions, are, properly, com- 
plex ions. They can be regarded as S°+(O?-),, N5+(O2-); and O?-H*+ but 
they_are so stable, i.e. issociate i i ions, that 
they_function in much the same way as simple ions do, and they are not 
typical complex ions. : 

More typical complex ions are provided by the following examples: 

Fe(CN).*~ SnCl,?~ Ag(NH3),* 
Fe(CN)3- Fe(CN);NO?- Au(CN),~ 
Cu(NHs3),47* Co(NO,).3— Zn(OH),?- 
SiF,?7- AIF,3- PbGI ZS 

Salts containing these, and other similar, ions are known as complex 
salts, and the groups attached to the central simple ion are known as 
ligands. Complex salts were first studied by Werner (1866-1919) who called 
them coordination compounds. He used the term coordination number to 

2. Nomenclature of complex ions. The systematic nomenclature adopted for 
complex ions is based on the following considerations: 

a. Complex cations. The name to be used begins by giving the number 
and names of the groups attached to the central atom or ion, i.e. of the 
ligands, and this is followed by the name of the central atom with its 
oxidation number (p. 472) indicated by Roman numerals in parentheses. 

The Cu(NH;),?* ion, for example, is called the tetraamminecopper(m) 
ion, and Co(NH;),Cl,* is the dichlorotetraamminecobalt(m) ion. Other 
examples are: 

Ag(NH3),* Diamminesilver(1) CrCl,(H,0),+ Dichlorotetraaquo- 

chromium(m) Cu(H,0),?+ Tetraaquocopper(m) Ni(NH3),?+ Hexaamminenickel(1) 
b. Complex anions. The name used gives the number and names of the ligands, followed by the name of the central atom with an -ate ending and’ its oxidation number in parentheses. Typical examples are: 
Au(CN),~ Dicyanoaurate(1) CrCl,(H,0),- Tetrachlorodiaquo- Fe(CN),*~ Hexacyanoferrate(m) chromate(m) 
Fe(CN),3- Hexacyanoferrate(im) PtCl,?- Hexachlorplatinate(1v) 
. On this basis the full systematic names for the sulphate(vi) and nitrate(v) lons are tetraoxosulphate(v1) and trioxonitrate(v) respectively. 
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c. Complex acids. Acids are named like the anions they form, the -ate end- 

ing of the anion being replaced by an -ic ending for the acid, e.g. 

HAuCl, Tetrachloroauric(m) acid H,PtCl, Hexachloroplatinic(1v) acid 

In all cases the oxidation number of the central atom is omitted when it 

only exhibits one oxidation state, e.g. 

AIF- Hexafluoroaluminate BH,~— Tetrahydroborate 

H,SiF, Hexafluorosilicic acid Zn(OH),?— Tetrahydroxozincate 

3. Chelation. The ligands attached to the central atom in the complexes 

mentioned so far are all molecules or ions which have lone pairs (p. 162), 
ate ; Bee i 

Simple ligands are attached to the central atom by one bond, but other 

groups exist which may be attached by more than one bond.Such groups 
have more than one atom with lone pairs, and the complex compounds 

they form are known as chelate compounds, from the Greek, yn), mean- 
ing a crab’s claw. 

A group capable of forming two links is called a bidentate group, and a 

common example is provided by ethane—1,2-diamine (ethylene diamine), 

H H 

H— LN 

H—C—N—H 

H H 

usually abbreviated to enc, The chelate compounds 

en C Co 5 en) *+ en ¢ Cr en)+ 
{ Ww, } Cl3- { WN } Cl- 

en Cl Cl 

are typical. Other bidentate groups are ethane-1,2—diol (glycol), and the 

ions of ethanedioic (oxalic) acid and aminoethanoic acid (glycine). 
Tripyridy] is a tridentate group, 

WA 

\N aig 

and the hexadentate ion formed from EDTA (p. 486) is an important 

polydentate group whose use has been developed by Schwarzenbach. 

4. Stability of complex ions. There is a marked difference in the stability 

of various complex ions, and this stabili i f 
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a dissociation constant. The tetramminecopper(n) ion, for example, dis- 
sociates to some extent, 

Cu(NH;),?* od Cu?+ + 4NH3 

and the dissociation constant is given by 

_ [Cu’*][NH;}* _ a 
k= [Cu(NH,)2*] = Si) pees 

The higher: the value of K for a complex ion, the greater the extent of 

dissociation, i.e. the less stable the ‘complex i ion. K is sometimes referred to 

as_the instability constant; a high value means an unstable complex. 

More commonly, however, numerical values for 1/K are known as 
stability constants; if this is done, a high value indicates a stable complex. 

Some stability constants for typical complex ions are summarised below: 

Co(NHs)7* 1.3 x 105(5.11) Ni(NH3).7* 9.9 x 10’ (7.99) 
Zn(NH3)4?* 1.3 x 107 (9.1) Cu(NH3),.2* 4 x 10! (12.6) 
Fe(CN).*~ 2 x 108 (8.3) Fe(CN),?— 1 x 10%! (31.0) 

The values in brackets are the logarithms to the base 10 of the stability 
constants and these values are often quoted. 

5. Solubility and complex ion formation. Silver chloride is generally re- 
garded as being insoluble in water. This is because it has a low solubility 
product (K;,(AgCl) = 1 x 10-'°) so that a saturated solution of silver 
chloride only contains Ag* ions at a concentration of 10-5 mol dm=? 
which for many purposes, is negligible. 

If Ag* ions can be removed from a saturated solution of silver chloride 
in contact with solid silver chloride more solid will dissolve. This can be 
achieved by adding ammonia, which forms a complex ion with Ag* ions, 
as follows: 

AgCl(s) == Agt*(aq) + Cl-(aq) 

Ag*(aq) + 2NH; == Ag(NH;),*(aq) 

In other words, Ag(NH3),ClI is much more soluble than silver chloride. 
Addition of acids, ie. H* ions, to a solution of Ag(NH3),Cl repre- 

cipitates silver chloride because the H+ ions cause the Ag(NH;).* ions to 
dissociate by removing NH; molecules as NH,+ ions, 

Ag(NHs3)2*(aq) == Agt(aq) + 2NH; 
2NH; + 2H*+(aq) => 2NH,*(aq) 

Silver chloride will also dissolve in solutions of potassium cyanide a 
sodium thiosulphate(v1) because of the formation of Ag(CN),~ 
Ag(S.03),°~ ions. Both potassium cyanide and sodium shiosulphettedenian are 
used in photography for dissolving silver salts. 
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There are numerous other examples of an apparently insoluble substance 

passing into solution through complex ion formation. 

a. Iodine, almost insoluble in water, dissolves in solutions containing 

I~ ions, e.g. in potassium iodide solution, 

I,(aq) + I-(aq) —~> I3~ (aq) 

b. Addition of potassium cyanide solution to iron(m) sulphate(v1) solution 

at first produces a precipitate of insoluble iron(m) cyanide, but further 

addition of potassium cyanide solution ‘dissolves’ the precipitate because 

of hexacyanoferrate(1) formation, 

2CN (aq) + Fe?* (aq) —> Fe(CN),(s) 
(insoluble) 

Fe(CN),(s) + 4CN~ (aq) —-> Fe(CN),*~ (aq) 

c. Ammonia solution added to copper(1) sulphate(v1) solution gives, at 

first, a precipitate of basic copper(m) sulphate(v1), but this dissolves, on 

further addition of ammonia, forming a deep-blue solution of tetra- 

amminecopper(m) sulphate(v1), 

CuSO, + 4NH; —_—> Cu(NH3),SO, 

This solution will dissolve cellulose and is known as Schweizer’s solution. 

Tetraamminecopper(m) sulphate(vi) is less soluble in ethanol/water mix- 

tures than in water and the solid can be precipitated from aqueous solution 

by adding ethanol. 

d. Potassium iodide solution will, at first, precipitate mercury(m) iodide 
from a solution of a soluble mercury(m) compound. Further addition of 

potassium iodide produces potassium tetraiodomercurate(m), K,HglI,, and 

this, in a solution made strongly alkaline by adding potassium hydroxide, 

gives Nessler’s solution, used for detecting and estimating ammonia and 

ammonium salts. 

e. Many analytical schemes involve the separation of sulphides of 
arsenic(m), antimony(m) and tin(@1 and 1v) from those of copper(i), 

mercury(m), lead(m), bismuth(m) and cadmium. This can be brought about 

by making use of the fact that the first group of sulphides form soluble 

complexes with sulphide ions from yellow ammonium sulphide, which is 

a mixture of (NH,),S and dissolved sulphur. For example, 

As,S;(s) + 3S?-(aq) == 2AsS;°~ (aq) 

SnS,(s) + S?-(aq) == SnS,’~ (aq) 
f. The solubility of gold or platinum in aqua regia is due to the formation of 

stable AuCl,~ and PtCl,2~ complex ions. The concentrated nitric(v) acid oxidises 

the gold or platinum to Au** or Pt**, and the concentrated hydrochloric acid 

provides the chloride ion to form the soluble complexes. 
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g. The cyanide process for gold extraction depends on the formation of the stable 
and soluble Au(CN)4~ complex. Gold is treated with sodium cyanide solution 
in the presence of air. The oxygen oxidises the gold to Au** ions, whilst the cyanide 
provides CN~ ions for the formation of Au(CN),~ ions. Silver, similarly, forms 
Ag(CN),~ ions. 

Gold, or silver, can be obtained from solutions of their cyanide complexes by 
adding zinc or aluminium, i.e. by a replacement reaction, or by electrolysis. 

Cyanide solutions of gold, silver, copper, zinc and cadmium are widely used 
for electroplating with these metals, the small concentration of free metallic ions 
in the solutions favouring the production of a fine-grained, uniform and ad- 
herent deposit of metal. Such cyanide solutions are, however, toxic, and they are 
tending to be replaced by solutions containing complexes of metallic ions-formed 
with salts of amido-sulphuric acid, HSO3-NHz, tetrafluoroboric acid, HBF., 
and hexafluorosilicic acid, H,SiF.. 

h. Lead chloride is less soluble in dilute hydrochloric acid than it is in water 
because of the common ion effect (p. 382) but, as more and more concentrated 
hydrochloric acid is used the solubility of lead chloride increases due to the forma- 
tion of PbCl,?— complex ions. 

i. Rust spots, which always contain iron(m) compounds, and ink stains, which 
sometimes do (depending on the kind of ink) can be removed by treatment with 
ethanedioic (oxalic) acid or potassium ethanedioate (oxalate) solution. The 
ethanedioate forms soluble complex ions, Fe(C,0,4)3°~ with iron(@m) compounds. 

6. Precipitation from solutions of complex ions. A precipitate of a substance 

in solution will not form until something is done to the solution to exceed 

the solubility product of the substance concerned, and exceeding a solu- 

bility product necessitates certain ionic concentrations. 

Hydrogen sulphide passed into a solution of silver nitrate will precipitate 
silver sulphide (K,(Ag,S) = 105°), and addition of dilute hydrochloric 
acid to silver nitrate solution will precipitate silver chloride (K,(AgCl) = 

1 x 10-7). Even very low concentrations of Ag* and S?-, or Ag* and Cl-, 
will cause precipitation because of the low solubility products of silver 
sulphide and silver chloride. 

If silver chloride is dissolved in potassium cyanide solution, however, the 
resulting solution will contain a high concentration of Ag(CN),~ ions, but 
only a low concentration of Ag+ ions, 

Ag(CN)2.~(aq) == Ag*(aq) + 2CN~(aq) 

Addition of dilute hydrochloric acid will not precipitate silver chloride as 
K,(AgCl) will not be exceeded, but silver sulphide may be precipitated, on 
passing hydrogen sulphide in, as K,(Ag,S) is so much lower than K(AgCl). 
A complex ion may, therefore, dissociate sufficiently to undergo some of 

the reactions of the simple ions concerned, or it may not. A solution of 
potassium hexacyanoferrate(m), for example, gives no precipitate of iron(m) 
hydroxide with sodium hydroxide solution, and no precipitate of silyer 
cyanide with silver nitrate solution. The concentrations of Fe?+ and CN- 
ions in the solution are not high enough. But a solution of tetraammine- 
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copper() sulphate(v1) contains a sufficiently high concentration of Cu2+ 
ions to give a precipitate with hydrogen sulphide or with potassium 
hexacyanoferrate(m) solution. 
A simple ion can, then, be prevented from forming a precipitate, i.e. it 

can be kept in solution, by converting it into a suitable complex ion. This 
can be useful, as shown in the following examples. 

a. Detection of Cd?* ions in presence of Cu?* ions. If hydrogen sulphide 
is passed into a solution containing both Cd?+ and Cu2+ ions, both cad- 
mium sulphide (yellow) and copper(m) sulphide (black) will be precipitated 
but the black copper(m) sulphide will mask the formation of the yellow 
cadmium sulphide. If, however, the solution containing both simple ions is 
treated with excess potassium cyanide solution, the resulting mixture con- 
tains Cd(CN),?~ and Cu(CN),?~ complex ions formed by the changes, 

Cd?* (aq) + 2CN~-(aq) —> Cd(CN),(s) (white precipitate) 
Cd(CN),(s) + 2CN~ (aq) —» Cd(CN),2~ (aq) (soluble) 
Cu’*(aq) + 2CN~(aq) —» Cu(CN),(s) (unstable) 

2Cu(CN),(s) —> C,N2(g) + 2CuCN(s) (white precipitate) 
CuCN(s) + 3CN~(aq) —> Cu(CN),3~ (aq) (soluble) 

The Cu(CN),°~ ion is much more stable than the Cd(CN),?7~ ion, so that 
the solution containing both complex ions will give a yellow precipitate of 
cadmium sulphide, on passing in hydrogen sulphide, but will not pre- 
cipitate black copper(m) sulphide. The original presence of Cd?+ ions can 
therefore be detected. 

b. Fehling’s solution. Addition of sodium hydroxide solution to a solution 
of copper(1) sulphate(v1) gives a precipitate of basic copper(1) sulphate(v1), 
but the precipitate is not formed if Rochelle salt, sodium potassium 
2,3-dihydroxybutane-1,4-dioate (tartrate), is first added to the copper(m) 
sulphate(v1) solution. 

The tartrate forms a complex ion with Cu?* ‘ions, in the presence of 
OH ions, 

OH OH 

Vo 
“OOC—C—-C—CO0O0- + 20H- + Cu?+ O 

vi iS —> 2H,0 + aaa le. —COO- 

ete 
and the mixture containing this complex is known as Fehling’s solution. 

It is used in making copper(1) oxide and in the detection and volumetric 

estimation of reducing sugars. 
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c. E.D.T.A. This is an abbreviation for ethylenediaminetetracetic acid, or 
diaminoethanetetracetic acid, which is also known under the trade names 
Sequestrol and Versene, 

CH,°N:(CH2°COOH), 

CH,°N:(CH,*COOH), 

The sodium salt of the acid, Na4(CioHi2N20O;3) contains the complex ion 
(Cio0H12N20,)*~, and this forms very stable complexes with Ca?* or Mg?* ions. 

Addition of the sodium salt of E.D.T.A. to hard water, containing Ca?* or 
Mg?’* ions, forms stable complexes, e.g. (CaC1oH12N2O3)*~, which ‘lock-up’ the 
Ca?+ or Mg?t ions and prevent them from forming a scum with soap or a pre- 
cipitate with any other reagent. E.D.T.A. cannot be used for softening water for 
drinking as it is too poisonous, but it can be used for softening water used in 
industrial processes such as the dyeing of textiles. It can also be used in volu- 
metric methods for estimating Ca?+ and Mg?* ions in solutions. 

d. Calgon. Calgon is a trade name, derived from ‘calcium gone’, for sodium ~ 
polyphosphate Na¢P.O:s. This contains the complex polyphosphate ion, Pg0;.°~, 
which, like the sodium salt of E.D.T.A., forms very stable complexes with Ca?+ 
or Mg?* ions, e.g. [CazPs0ig]?~. Calgon can, therefore, be used for softening 
water, and it is available commercially for domestic and industrial use. 

Polyphosphates and E.D.T.A. are often referred to as sequestrating agents or 
complexones and their locking-up of ions-in stable complexes as sequestration. 

7. Insoluble complexes. The examples of complex ion formation given in 

the preceding two sections have been concerned with soluble complexes. 
Insoluble complexes are useful, too, particularly in analysis. If a simple 

ion in a solution can be converted into an insoluble complex a precipitate 

will be formed, and this will denote the presence of the original simple ion, 

particularly if the complex formed is unique for that ion. If the complex 

formation takes place quantitatively, weighing the resulting precipitate 

provides a quantitative method for estimating the simple ion. 

Many organic reagents which form specific complexes with, ideally, just 
one simple ion have been developed for such uses. 

A typical example is provided by the use of butanedione dioxime (di- 
methyl glyoxime) in the qualitative and quantitative estimation of .Ni2?+ 
ions in a solution made just alkaline with ammonia solution. The complex 
formed has the structure as shown. 

Other fairly common reagents include 
OH 9 Curpon («-benzoin oxime) and ru- 

mn beanic acid (dithio oxamide) for Fe?+ 
ee nade N=C-CHs ions, o-phenanthroline for Fe*+ ions, 

H,CC=N” '\N=C-CH, ammonium mercuri-thiocyanate plus 
cobalt(m) sulphate(v1) for Zn?* ions, 

O OH and hydroxy-quinoline (Oxine) for 
Mg? ions. 

8. Detection of complex ion formation. Unexpected solubility observations of a 
supposedly insoluble substance in a solution, or the failure to obtain a precipitate 
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ofa compound of a simple ion, often point to the formation of a complex ion. 
Other evidence suggesting complex ion formation may be summarised as follows: 

a. Freezing point evidence. Complex ion formation may change the number of 
particles dissolved in a solvent and, if so, the freezing point lowering of the solvent 
will be affected. 
A solution of potassium iodide, for example, will contain K+ and I- ions. But 

if mercury(I!) iodide is added, and if there is a complete conversion into HgI,2- 
ions, 

21* (aq) + HglI.(s) —> Hgl,?-(aq) 

two ions will be replaced by one with a consequent lowering of the freezing point 
depression. 

j 
Investigation of freezing point depression, and other colligative properties of.a 

a solution (p. 263), can, therefore, be used to study complex ion formation. It is 
not always applicable, because complex ion formation which does not involve 
any change in the number of soluble particles, e.g. 

I, + I-(aq) —> 13" (aq) 
will not affect freezing point depression measurements. 

b. Conductivity evidence. The conductivity of a solution containing simple ions 
will change if the simple ions are converted into complex ions, for the molar 
conductivity of the complex ion will be different. 

A, for copper(i) sulphate(v1), for example, will be given by 

A,(CuSO,) = A(Cu**) + A(SO,?-) 

but A, for tertramminocopper(m) sulphate(v1) will be 

A,(Cu(NH3)4SO4) = A(Cu(NHs)4’* + A(SO,)?-) 

Moreover, conductivity measurements can indicate, approximately, the number 
of ions formed by an electrolyte. The Ay values, for the different number of ions 
formed, are approximately, 

No. of ions formed 2 3 4 5 
Ao/Q-* cm? mol? 125 260 410 540 

c. Transport number measurement. The existence of complex ions can, sometimes, 
be shown by transport number measurement (p. 455). 

d. E.m.f. measurement. The e.m.f. of, for instance, a concentration cell is depen- 
dent on ionic concentrations. If, therefore, a simple ion participating in the 
functioning of such a cell is converted into a complex ion by the addition of an- 
other reagent there will be a change in the e.m.f. of the cell. 

e. Partition coefficient measurement. The formation of a complex ion, and its 
composition, can often be determined by partition coefficient measurements. The 
formation of theI,~ ion from iodine and I ions, for example, can be demonstrated 
by showing that [I,~] divided by [I,] x [I~] has a constant value (p. 317). 

QUESTIONS ON CHAPTER 44 

1. Account for the following facts: 

(a) Addition of dilute hydrochloric acid to silver nitrate(v) solution gives a 
white precipitate, but the precipitate dissolves on the addition of ammonia 
solution. 
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(6) Addition of ammonia solution to a solution of a zinc salt gives a precipitate 
at first, but the precipitate dissolves when more ammonia solution is added. 

(c) Copper(1) chloride is insoluble in water and in dilute hydrochloric acid, but 
it dissolves in concentrated hydrochloric acid. 

(d) Mercury(m) iodide is more soluble in organic solvents than in water, and 
is also soluble in potassium iodide solution. 

(e) Zinc hydroxide dissolves in sodium hydroxide solution, but calcium 
hydroxide does not. 

2. Describe, and explain, the effect of adding both small and large amounts of 
(i) sodium hydroxide solution, (ii) ammonia solution to solutions containing 
(a) copper(11) ions, (6) iron(m) ions, (c) iron() ions, (d) zinc ions, (e) cobalt(m) 
ions, (f) nickel(m) ions, (g) aluminium ions. 

3. Write down the formulae of the following complex ions: (a) tetraammine 
zinc(II), (6) tetrachloromercurate(m), (c) tetracyanocuprate(1), (d) trihydroxo- 
plumbate(m), (e) trinitrotriamminecobalt(m), (/) hexanitritocobaltate(m), (g) 
chloroaquo-bisethylenediamminechromium(m), (h) dichloroargentate(1), (i) 
tetrahydroxoaluminate. 

4. Give the names and formulae of (a) four copper complexes, (5) six complexes 
involving halogens, (c) three zinc complexes, and (d) two hydroxide complexes. 

5. Iron(im) salts may not give a red coloration on adding potassium thiocyanate 
if ethanedioate (oxalate) ions are present, but the red colour reappears on addition 
of a strong acid. Explain. 

6. Account for the following facts: (a) Silver iodide is not appreciably soluble 
in concentrated ammonia solution, though silver chloride is. (6) Addition of 
potassium bromide solution to a dilute ammoniacal solution of silver chloride 
precipitates silver bromide. 

7, What experimental evidence can be advanced in support of the following 
statements ? (2) When carbon dioxide dissolves in water, chemical reaction takes 
place between the two substances. (b) The solubility of silver chloride in aqueous 
ammonia is due to the formation of a complex ion [Ag(NH;),]*. (O. Schol.) 

8. What is a complex ion? What experimental observations suggest that such 
ions exist in certain solutions? (O. Schol.) 

9, Zinc will replace silver from a solution of potassium dicyanoargentate(1) 
but will not replace copper from an equivalent solution of potassium tetracyano- 
copper(1). Zinc will also replace copper from a solution of tetraamminecopper(1) 
sulphate(v1) but not from an equivalent solution of potassium tetracyanocopper(t). 
Account for these facts. 

10. What tests do you know in inorganic qualitative analysis which depend on 
complex formation? Wherever possible, give the formula of the complex formed. 

11. Why is it necessary to remove such non-volatile organic compounds as 
tartrates and citrates before carrying out a qualitative analysis for metallic ions? 

12. Explain why copper(11) hydroxide will dissolve both in dilute sulphuric(v1) 
acid, which is acidic, and in ammonia solution, which is alkaline. Why will 
silver chloride dissolve in the latter, but not in the former? 

13, Explain what happens when the following reagents are added, one after 
the other, to a solution of copper(1) sulphate(vi) in water: (a) sodium hydroxide 
solution, (6) ammonia solution, (c) ethanol. Give ionic equations where possible. 

14, If the solubility product of silver chloride is 1.5 x 10-!° and the instability 
constant of the Ag(NH;).* ion is 6.8 x 10-8, calculate the approximate solu- 
bility of silver chloride in a 3M ammonia solution. 

15. 1 mol of ammonia was added to 1 dm? of a solution of silver nitrate(v) 
containing 0.005 mol of silver. If the dissociation constant for the Ag(NH;),+ ion is 6 X 10-8, calculate the concentration of free Ag? ions in the mixture. 
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16. How many grammes of silver iodide will dissolve in a cubic decimetre of 
M ammonia solution? The solubility product of silver iodide is 1 x 10-6, and 
the instability constant of the Ag(NH;).+ ion is 6 x 10-8. 

17. 25 cm? (excess) of ammonia solution were added to 25 cm? of 0.1M cop- 
per(1) sulphate(v1) and the resulting deep-blue solution was shaken with tri- 
chloromethane (chloroform). After the layers had been allowed to settle, 50 cm? 
of the trichloromethane layer required 25.5 cm? of 0.05M hydrochloric acid 
for neutralisation. 20 cm? of the blue aqueous layer were neutralised by 33.3 cm? 
of 0.5M hydrochloric acid. If the partition coefficient of ammonia between water 
and trichloromethane is 25, calculate the probable formula of the tetraammine- 
copper(i) ion. 

18. The freezing point of a solution containing 3 g of potassium iodide in 
100 g of water was —0.619°C. When 4.11 g of mercury(m) iodide were dissolved 
in the same solution the freezing point rose to —0.504°C. Calculate (a) the degree 
of dissociation of the potassium iodide before the addition of the mercury(1) 
iodide, and (6) the formula of the complex ion produced when the mercury(m) 
iodide is added. (Freezing point constant per 100 g = 18.6°C.) i 

19. How would you demonstrate that copper was present in a complex anion 
in Fehling’s solution? 
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Surface effects 

THE situation existing at the surface of a liquid or solid is different from 

that in the interior, and this has important consequences. 

A molecule in the interior of a liquid, for instance, is completely sur- 

rounded on all sides by other molecules and inter-molecular attractive 

forces are, on the average, exerted equally in all directions. A molecule at 

the surface of a liquid, however, is surrounded on one side by molecules in 

the liquid and, on the other, by the more widely scattered molecules in the 

vapour state. Such surface molecules will, therefore, experience inward 
attractive forces which cause surface tension. 

Surface tension in liquids affects the properties of a liquid, and similar 
forces at a solid surface are probably responsible for the adsorptive power 

of solid surfaces. The effects at a liquid surface are different, in degree, 

from those at a solid surface, and the two effects will be considered 
separately. 

LIQUID SURFACES 

1. Surface tension and surface energy. One of the immediate effects of the 
surface tension in a liquid is that a liquid surface tends to become as small 
as it possibly can. As a sphere has the smallest surface-to-volume ratio, 
freely suspended liquids form spherical drops, whilst bubbles of gasina 
liquid are also spherical. 

The state of tension at a liquid surface, which is really due to forces 
acting inwardly, is conventionally regarded as being caused by forces acting 
in, and parallel to, the surface. On this basis, the surface tension of a liquid 
is defined as the force in newtons acting, in the surface, upon a line of 
1 metre length; the units are N m=. 
A clearer picture is provided by the idea of surface energy. To move 

molecules from the interior of a liquid into the surface, i.e. to increase the 
surface area, must involve doing work against the internal forces within the 
liquid. In other words, energy must be supplied to increase a surface area. 
For a surface tension of y N m~}, a surface area increase of 1 m? would 
require the expenditure of y joule of work (1 J = 1 newton metre). The 
surface energy corresponding to a surface tension of y N m~1 is, therefore, 
y Jm-? 

Some typical values for surface tensions in N m7‘, are given below. Water 
has a surface tension greater than that of most common liquids, but molten metals 
(including mercury), have much higher values. 

Water at 20°C 72.6 x 10-3 Mercury at 20°C 485 x 10-3 
Benzene at 20°C 28.9 x 10-3 Zinc at 600°C 710 ¥ 10-3 
Ethanol at 20°C 22.3 x 10-3 Copper at 1200°C 1160 x 10-3 

The surface tension of liquids usually decreases with increasing temperature. 

2. The Parachor. The mass of a molecule is almost equal to the sum of the masses 
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of the component atoms and, historically, much search has been made for other 
similar additive factors. 
Kopp, in particular, investigated the molar volumes of liquids from this 

point of view. The molar volume of a liquid is defined as the volume occupied 
by1mol,or — 

Molar _ Relative molecular mass 
volume — Density 

The molar volume of gases, at s.t.p., is 22.4136 dm’, and it was the constancy of 
this value for gases which suggested that the molar volumes of liquids might be 
of interest. 

In considering values for the molar volumes of liquids it is necessary to 
decide on the temperature at which the density of the liquid should be measured. 
Kopp took density values at the boiling points of the liquids concerned, and at 
101.325 kN m~? pressure. He found that the molar volumes of many liquids 
were nearly equal to the sum of the atomic volumes of the constituent atoms. 
This, however, is not universally true. If it were, all isomers of the same substance 
would have the same molecular volume, and this is not so. It is clear, then, that 
the arrangement of atoms within a molecule affects the issue. 
Kopp made his calculations at the boiling point of the liquid concerned, but 

Sugden (1892-1950) took another basis of comparison. He introduced the idea 
of the parachor which, basically, compares the molar volumes of liquids under 
conditions where they have equal surface tensions. 

Sugden made use of Macleod’s empirical equation first put forward in 1923. 
This equation states that 

v tant Dad =aconstan 

where y is the surface tension of the liquid concerned, D the density of the liquid, 
and d the density of the vapour formed by the liquid, all values being taken at the 
same temperature. The equation holds quite well for many liquids over a wide 
range of temperature, but values for associated liquids do not fit the equation 
very well.* 

+ 
The constancy of D a a at different temperatures is, nevertheless, remarkable, 

and Sugden defined the parachor in terms of it as follows: 

= M, X yt Parachor [P] = Pad: 

where M, is the relative molecular mass 
The value of d is generally very small as compared with D, so that 

__ M, x »* Molar 4 
[P] AAD) OF ALF volume 

It will be seen that the parachor of a liquid can be regarded as the molar 
volume which the liquid would have if its surface tension was unity. 

Sugden had hoped to find in the parachor a completely additive quantity, but 
its usefulness is restricted because, like Kopp’s molar volume values, it is not 
always strictly additive. Sugden was able, however, to allot numerical values to 

* The Eétvos equation is similar. It relates the relative molecular mass (M,), the 
surface tension (y), the density (D), and the critical temperature (T,) of a liquid, 

¥(M,/D)* = K(T, — T) 
T being the temperature at which the surface tension and density are measured. 
K has a constant value for many unassociated liquids. 
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different atoms and bonds which could be added together to give the parachor 
value of some substances containing the particular atoms and bonds chosen. 

The idea of finding numerical values for bonds and atoms which can be added 
together to give an overall numerical value for a compound is an attractive one, 
and spasmodic attempts have been made to replace the parachor by something 
more reliable, but, so far, with only limited success. 

3. Formation of surface films. A freely suspended liquid forms spherical 
drops to lower its surface energy, and any other process which results in a 
lowering of surface energy tends to take place. Such processes lead to the 
formation of surface films. 

a. Surface tension of solutions. Addition of a little 3-methylbutan-1-ol. 
(iso-amy] alcohol) to water causes a marked lowering of the surface tension, 
whilst addition of electrolytes to water results in a slight increase in surface 
tension. 

3—methylbutan-1-ol has a lower surface tension (24 x 10-3? N m7) 
than water, and in a mixture of two miscible liquids the one with the lower 
surface tension tends to concentrate at the surface. This is because the 
surface energy is lowered when the liquid with the lower surface tension is 
at the surface. The surface is not made up completely of molecules of the 
lower surface tension liquid, but there is a higher proportion of them at the 
surface than in the bulk of the mixture. Substances which cause a lowering 
of surface tension are said to be surface active or to be Positively adsorbed. 
By comparison, electrolytes cause a slight increase in surface tension. 

This is because their ions, in solution, increase the attractive forces within 
the liquid as inter-ionic forces are stronger than inter-molecular ones. 
b. Surface films of insoluble substances. A liquid which is insoluble in 
water may, Or may not, spread over a water surface to form a film. Liquid 
paraffin, and other hydrocarbons, for example, will not spread on water, 
but octanol and octadecenoic (oleic) acid will. The spreading can be 
observed by first dusting a water surface with fine talc. A spreading liquid 
will push the talc away and a rough estimate of the area of film forced can 
be obtained by measuring the area of surface not covered by the talc. 

Whether or not a liquid will spread on another is a matter of the relative 
values of the surface tensions of the two liquids. If a liquid, A, is to spread 
on a liquid, B, the surfaces of A with B and of A with its vapour must be 
increased, whilst that of B with its vapour must be decreased. If these 
changes in surfaces produce a resultant lowering of surface energy then A 
will spread on B; if not, A will not spread on B. 
c. Surface films of insoluble substances with polar groups. A substance, 
insoluble in water, will spread over water if it contains a polar group such 
as —OH or —COOH. Such groups are hydrophilic, i.e. have a strong 
attraction for water; other groups, é.g. alkyl groups, are hydrophobic. 
When a substance with a polar group forms a surface film on water it is 
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thought that the polar group is within the water surface, or closely linked to 
it, whilst the hydrophobic group is out of the surface. Such substances, in 
fact, form surface films which may be regarded as transitional between 
those formed by soluble and insoluble substances. 

4. Uses of compounds with hydrophilic and hydrophobic groups. 

a. In water conservation. In areas with a shortage of water it is essential to 
try to prevent undue loss from reservoirs by evaporation. This can be 
done, to some extent, by spreading hexadecanol (cetyl alcohol) over the 
surface of the reservoir. The hydrophilic, —CH,OH, group enters the 
water surface, whilst the alkyl group, —C,;H;1, doesn’t. The rate of evapora- 
tion is cut down as the surface of the water becomes much more like an 
alkane surface. 

b. As emulsifiers. In an emulsion, one phase is dispersed as small droplets 
in another. The resulting high surface area between the two phases, and 
the correspondingly high interfacial tension, would lead to an unstable 
system unless an emulsifier is present. Substances with both hydrophilic 
and hydrophobic groups can often act as emulsifiers. 

In an oil and water mixture, for example, such an emulsifier acts as a go- 
between. Adsorption of the hydrophobic group by the oil droplets gives 
them a hydrophilic surface, whilst adsorption of the hydrophilic groups by 
the water droplets gives them a hydrophobic surface. The oil and water 
become, in this way, much more nearly miscible. 

c. As detergents. Detergents are substances with both hydrophilic and 
hydrophobic groups. Their detailed cleansing action is complicated but, in 
essence, they enable water and fatty or oily substances to come together 
into emulsions. 

Soap, which in its simplest form, is sodium octadecanoate (stearate), is 

the traditional detergent. It is not, however, entirely satisfactory when used 

in hard or acidic waters. In recent years it has been partially replaced by 

synthetic detergents. These are generally more soluble in water than soap; 

they do not form’a scum with hard water; they enable water to spread and 

penetrate more fully over, or through, an article being washed; and they 

can be used under alkaline or acidic conditions. 

The hydrophobic group in a detergent is usually a large alkyl group or an 

alkyl-substituted benzene ring; the hydrophilic group is generally a 

—COOH, —SO;H, —OSO;H or —OH group. Teepol, with a formula, 

i 
HC, 0 C—0:SO3Na 

CH; 

provides a typical example. 
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5. Investigation of surface films. Langmuir and Adam have investigated 

surface films by containing the film between definite barriers. Adam used an 

apparatus of the type shown in Fig. 159. AB and CD are strips of waxed 

paper or glass or mica, passing across a shallow tank containing water or 

any other liquid being investigated. AB passes right across the tank, pene- 

trates below the liquid surface, and can be moved and held in any position 

to vary the area ABCD. CD floats on the water surface and is free to move 

slightly. Strips of platinum foil occupy the spaces between the ends of CD 

and the sides of the tank. CD is attached to delicate instruments which can 
measure the force being exerted on it. 

Pt strips 

Fic. 159. Apparatus for the study of surface films. 

In a typical experiment, the water surface is first cleaned by drawing 
strips across it to push any surface contamination to one end of the tank, 
outside the area ABCD. A measured amount of an oil, dissolved in ben- 
zene, is then placed on the water surface between AB and CD. As the 
benzene evaporates, the oil forms a surface film in the area ABCD. This 
film exerts a force on CD which can be measured, and the variation of the 
force as the area ABCD is changed can be studied. 

If there is simply water on both sides of CD it will not be subjected to any 
resultant force, but if the surface tension of the liquid in the area ABCD is 
changed a resultant force will be exerted on CD. 

With only a little oil on ABCD there is no force on CD, i.e. no change in 
the surface tension of the water. As the area ABCD is decreased, however, 
there comes a point at which a rapidly i increasing force is exerted on CD, 
and further compression of the surface film on ABCD produces even 
greater forces on CD. 

These results are interpreted as meaning that a surface film of oil does 
not cause much change in surface tension until it is one molecule thick, i.e. 
a unimolecular layer or a monolayer. Before this stage is reached, the oil 
cannot completely cover the surface and cannot, therefore, form a com- 
plete film. For a given amount of oil, the area of ABCD at which the first 
marked change in surface tension is observed can be measured. The value 
obtained is in good agreement with the monolayer theory, because the area 
covered by a monolayer of a certain amount of oil can be calculated from 
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the molecular dimensions of the oil used. If these molecular dimensions are 
not known, for a particular substance, they can be measured by recording 

the area of ABCD when a marked change in surface tension takes place, 

i.e. when a monolayer is just formed. 

A monolayer is probably first formed when the molecules forming the 

surface film are lying fairly flat on the surface. Compression of the film will 

cause the molecules to ‘stand up’ on the surface, and compression beyond 

this stage will buckle the film. 

SOLID SURFACES 

6. Surface area. The forces existing at the surface of a solid may enable 

the solid to absorb a gas or a substance from solution, adsorption being 

the formation of a surface film on the solid. The greater the surface area of 

the solid concerned, the more highly adsorptive will it be, and solids with 

porous structures, and, consequently, high surface areas, such as charcoal 

or silica gel, are commonly used as adsorbents. Activated charcoal, i.e. 

charcoal which has been heated in steam, is particularly adsorptive and is 

used, for example, in gas masks and in decolorising coloured solutions. 

Finely divided substances may, too, be very adsorptive because they have 

large surface areas. A cube of side 1 m, for example, has a surface area of 

6 m?. If it is subdivided into cubes of side 1 x 10~° m the surface area will 

increase to 6 x 10° m?. 

7. Adsorption of gases. An experimental study of the adsorption of gases on 

solids shows that there are two main types of adsorption. In the first type, 

referred to as physical or van der Waals’ adsorption, there is no definite 

chemical binding, of the sort found in ordinary chemical compounds, be- 

tween the adsorbed surface layer and the solid adsorbent. In the second 

type, known as chemisorption, there is something in the nature of true 

chemical binding at the surface of the solid. 

a. Physical adsorption. Physical adsorption of a gas by a solid is generally 

reversible. Increase of pressure causes more gas to be adsorbed, but 

releasing the pressure frees the adsorbed gas. Similarly, decrease of tempera- 

ture increases adsorption, but gas adsorbed at a low temperature can be 

freed again on heating. 

The extent of physical adsorption is also dependent on the surface area 

of the solid adsorbent, and on the nature of the gas. In general, the higher 

the critical temperature of a gas, or the more easily liquefiable or more 

soluble it is, the more readily will it be adsorbed. Thus 1 g of activated 

charcoal will adsorb 380 cm? of sulphur dioxide (critical temperature 

= 157°C), 16 cm? of methane (critical temperature = —83°C) and 4.5 cm? 

of hydrogen (critical temperature = — 240°C). 
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This relationship is perhaps not surprising as the critical temperature of 
a gas (p. 74) is related to its intermolecular forces which must play a large 
part on adsorption. 

b. Chemisorption. Chemisorption involves the formation of what might 
be called a surface compound. As it corresponds to something much closer 
to a chemical change than physical adsorption it is commonly irreversible. 
In many examples, efforts to free the adsorbed gas produce a definite com- 
pound. Oxygen adsorbed on carbon or tungsten, for example, is liberated 
as carbon monoxide and dioxide or as tungsten oxide. Similarly, carbon 
monoxide adsorbed on tungsten is liberated as a carbonyl. 

Chemisorption is much more specific than physical adsorption and will 
only occur when there is some possibility of chemical interaction between 
the gas adsorbed and the solid adsorbent. Moreover, chemisorption, like 
most chemical changes, often increases with rise of temperature, unlike . 
physical adsorption. On this account, a gas may be physically adsorbed at’ 
low temperature and chemisorbed at high temperature. Nitrogen, for 
example, is physically adsorbed on iron at — 190°C, but chemisorbed, to 
form a nitride, at 500°C, 

8. Adsorption isotherms. The amount of gas adsorbed by a given amount of 
adsorbent depends on both temperature and pressure. At a given tempera- 
ture, the variation in the amount of gas adsorbed as the pressure is changed 
can often be summarised in an empirical equation. 

a. Freundlich adsorption isotherm. This empirical relationship states that 

x 
m =kxX p" 

where x is the mass of gas adsorbed by m gramme of adsorbent at a pressure, p; k and n are constants at a particular temperature and for a particular adsorbent and gas. 
If the relationship holds, plots of the amount of a gas adsorbed against the pressure will be of the form shown in Fig. 160. These curves also show the decrease in adsorption, at a fixed pressure, as temperature is increased; they are for physical adsorption. 
The Freundlich isotherm can also be tested by plotting log x/m against log p. A straight line should result, the value of n being obtainable from the slope of the line, since, 

log (x/m) = log k + nlog p 

In practice, a reasonably straight line plot is often obtained, particularly if results at low and high pressures are neglected. 
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b. Langmuir adsorption isotherm. Langmuir deduced a theoretical relation- 
ship which is in agreement with many experimental measurements over 
a wider range of pressure than the Freundlich isotherm. It includes the 
Freundlich isotherm as a special case for intermediate pressures. 

Langmuir considered that adsorption could only take place until the 
adsorbing surface was completely covered with a unimolecular layer of 

MASS OF GAS ADSORBED 

PRESSURE ———> 

Fic. 160. Freundlich isotherms for the adsorption of nitrogen by charcoal. 

adsorbed gas. He considered a kinetic balance between gas molecules 

striking the surface and being adsorbed and adsorbed molecules being 
evaporated from the surface. 

If the fraction of surface covered by gas at any one moment is @, the rate at 
which molecules evaporate from the surface will be proportional to 6, and equal 
to k@. At the same time, the rate at which molecules will be adsorbed will be 
proportional both to the amount of surface not already covered, i.e. (1 — 6), 
and to the gas pressure. The rate of adsorption will, therefore, be equal to 
k’p(i — 9). 

At equilibrium, 
ké = k’p(i — 8) 

9 eS k’p ge kp 

—k+kp 1+k’p 

0, the fraction of surface covered, will be proportional to the amount of gas, x, 
adsorbed by a given mass of adsorbent, m, so that 

x k’’p 

m 1+k’p 
This relationship is known as Langmuir’s adsorption isotherm. It can be 

written in the form, 

or 

en =a + Bp 
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where « and f are both constants, so that it can be tested by seeing whether or not 

a plot of a against p gives a straight line. 

The Langmuir adsorption isotherm gives a satisfactory theoretical inter- 

pretation of many experimental results, and holds particularly well for 

chemisorption where the idea of a limiting unimolecular layer is perhaps 
more tenable than it is for physical adsorption. 

Experimental plots of amount of gas adsorbed against pressure can, 

however, take a variety of shapes not fully explicable in terms of either the 

Freundlich or the Langmuir adsorption isotherm. The detailed mechanism 
of adsorption is, in fact, still to be elucidated. 

9. Adsorption from solution. The use of charcoal as a decolorising agent is a 

well-known example of adsorption from a solution, and charcoal will 

effectively adsorb many dyestuffs. It will, too, adsorb other substances such 
as ethanoic(acetic) and ethanedioic (oxalic) acids. 

Even glass, which is not a porous substance, will act as an adsorbent. A 

test tube which has contained methyl violet solution, for instance, can be 

emptied and repeatedly washed out’ with water until no trace of violet 

colour is visible. Addition of propanone (acetone) will, however, free 

sufficient of the adsorbed methyl violet to give a distinctly coloured acetone 
solution. 

Precipitates, too, often act as adsorbents, and this can be both helpful and a 
nuisance. It is a nuisance when a pure precipitate is required, or when a precipitate 
is required for quantitative purposes, for, in thesecases, adsorption adds impurities 
or gives false quantitative results. Alternatively, adsorption on a precipitate is 
useful in certain confirmatory tests, for a particular precipitate may be formed in 
the presence of a particular dyestuff to give a distinctive colour. Magnesium 
hydroxide, for example, will be blue when precipitated in the presence of the 
dyestuff magneson. Gelatinous precipitates, like magnesium hydroxide, are 
particularly adsorptive, but granular precipitates will also adsorb. This can be 
demonstrated by precipitating barium sulphate(v1) in an alkaline solution of 
potassium manganate(vi). The barium sulphate(v1) precipitate will be pink, even 
after much washing. 

The precise mechanism of adsorption from solution is not known. There 
is a limit to the adsorption by a given mass of adsorbent, and it is probable 
that adsorption takes place until a unimolecular layer is built up. 

The amount adsorbed is, too, dependent on the concentration of the 
solution, and, for adsorption from solutions, the concentration of the 
solute takes the place of pressure in gas adsorption. The Freundlich iso- 
therm (p. 496), using concentration instead of pressure, i.e. 

~= ke 
m 

applies to adsorption from solution more effectively than to adsorption of 
gases. c is the concentration of the solution when adsorption is completed. 
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The validity of the Freundlich isotherm in one case can easily be tested 
by shaking equal masses of activated charcoal with different solutions of 
ethanedioic (oxalic) acid of known concentration. After standing for a 
time to allow equilibrium to be established the amount of ethanedioic acid 
adsorbed in each case can be measured by finding the concentration of 
ethanedioic acid remaining after adsorption. Plotting the amount adsorbed 
against this concentration, or the log of the amount adsorbed against the 
log of this concentration shows the validity of the isotherm. 

Alternatively, methylene blue can be adsorbed from solutions of 
different, but known, initial concentrations, the final concentrations being 
measured colorimetrically. 

EXCHANGE ADSORPTION 

10. Ion exchange. An investigation by Spence, in 1845, into the possible 
causes of the loss of ammonia from manure heaps and the retention of 
certain substances by soil, led to the discovery that when a solution of 
ammonium sulphate(v1) percolates through a column of soil the effluent 
contains no ammonium ions, but, instead, contains calcium ions. 

This was the beginning of what has developed into a wide use of ion- 
exchange substances. In effect, a solid releases one ion and adsorbs another; 
there is an ion-exchange. When the ions exchanged are cations it is known 
as base or cation exchange; when anions, as acid or anion exchange. 

The first application of ion-exchange was in water softening. Many 
naturally occurring substances such as soils and clays act as ion-exchangers 
and it was discovered, in 1907, that selected substances, such as greensands 

and certain zeolites, could effectively soften water by exchanging calcium 

and magnesium ions, which cause hardness, for sodium ions, which 

don’t. Synthetic aluminosilicates, known as permutites, with more 

effective exchange properties, were soon developed, and have been widely 

used in water softening. They are made by fusing china clay, sand and 
sodium carbonate together. 

The use of permutites is limited to water softening, and a big step for- 
ward was made in 1935, when Adams and Holmes made synthetic resins 

with much wider ion-exchange properties. At the same time, various 

methods of improving the ion-exchange capacities of naturally occurring 

substances were discovered. The sulphonation of certain soft coals, for 
example, provides useful materials. 

On the whole, however, the synthetic resins, and particularly some high- 

polymers, are better ion-exchangers than natural substances, whether 

treated or not. Moreover, natural substances are invariably cation ex- 

changers only, whereas synthetic resins can be made which are either 

cation or anion exchangers. 
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a. Cation-exchangers. These are high-polymers, often derived from 

phenol-formaldehyde resins, containing an acidic group such as —HSO;, 

—COOH or —OH. They are strong or weak acids, insoluble in water, 

form insoluble salts, and are generally used in the form of small spherical 
Beads. 

A typical example is made from phenylethene (styrene). This is polymer- 

ised with diethenylbenzene, and the resulting cross-linked polymer is 

sulphonated to introduce —-HSO; groups. The product, first made in 

1944, is marketed as Dowex 50. Other commercially available cation 
exchangers are sold under the trade names of Zeo-Karb 225 and 

Amberlite IR-120. 

b. Anion-exchangers. Anion exchangers are similar to cation exchangers 
but contain a basic group such as a secondary amine, a tertiary amine, or 

a quaternary amine group. They are not so easy to make as cation ex- 

changers. Typical examples are sold as De-Acidite FF IP, Dowex 1—X8, 
and Amberlite IRA-400. 

Ton exchange reactions are reversible so that an ion exchange material 
can be regenerated when it is exhausted. 

11. Applications of ion exchange. 

a. Purification of water. The first application of ion-exchange materials was 
in the softening of water. For this purpose a sodium salt of an ion exchange 
material is used, the process being represented by the equation 

2NaR + Ca+ = CaR, + 2Nat 
(Solid resin) (In solution) (Solid resin) (in 
(nsoluble) (Insoluble) solution) 

where R is the resin used. To regenerate the sodium salt when it has been 
completely converted into the calcium salt it is only necessary to treat it 
with a solution of sodium chloride. 

Water can, however, be purified much further, and all dissolved salts 
removed, by using both a cation and an anion exchanger. Such purified 
water, which is purer than distilled water, is sometimes known as de- 
ionised or de-mineralised water, the process of purification being referred 
to as de-ionisation or de-mineralisation. 

In the two-stage process, water is first passed through a column of a 
cation exchanger in the form of an acid In this stage, any cations in the 
water are replaced by H* ions, 

HR(s) + X*(aq) == H*(aq) + XRG) 
(Cation 

exchanger) 
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The partially purified water is then passed through an anion exchanger in 
the form of a base. This replaces any anions by OH7— ions, 

HOR(s) + Y~(aa) == OH~(aq) + YR(s) 
(Anion 

exchanger) 

When the resins are exhausted they can be regenerated, the cation ex- 
changer by treatment with acid, and the anion exchanger by treatment with 
alkali. 
A one-stage process can be used by passing water down a single column 

containing a mixture of cation and anion exchangers. For regeneration 
purposes the two exchangers have to be separated, but this is facilitated by 
using an anion exchanger with a lower density than the cation exchanger. 
The two can then be separated, for regeneration, by passing a rapid stream 

of water up the column. The anion exchanger collects at the top, with the 

cation exchanger at the bottom. After regeneration, the exchangers are 
mixed again. 

b. Drinking-water from sea-water. For most natural waters with a limited 

salt content, removal of all dissolved salts by ion exchangers is cheaper and 

easier than distillation, but sea-water contains such a high proportion of 

salts that it cannot be converted into drinking-water economically by ion- 

exchangers. Kits are available, however, in life-boats which enable reason- 

able drinking-water to be obtained from sea-water. 

c. Medical uses. Removal of excess sodium salts from body fluids can be 

achieved by giving the patient a suitable ion-exchanger to eat. Weakly 

basic anion exchangers can also be used to remove excess acid in the 

stomach and thus relieve indigestion, and blood can be prevented from 

clotting by exchanging the Ca?* ions which it contains, and which cause it 

to clot, for Na* ions. 

d. Ion-exchange membranes. Ion-exchange materials supported on paper, 

fibre or some other material can be used as membranes through which only 

anions or cations can pass. They act as ‘ionic sieves’. 

A typical use of such membranes is in an electrical demineralisation of 

water in a cell as shown in Fig. 161. Both anions and cations can pass out 

of the central compartment of the cell, but neither anions nor cations can 

pass into this compartment except by slow diffusion. Electrolytes can, 
therefore, be removed from the central compartment, and, in this way, 

salts can be removed from sea-water and other solutions. 

Natural membranes such as those in plant cells, blood cells and nerve- 

fibres probably function in the same way as ion-exchange membranes. 

e. Miscellaneous uses. Other applications of ion-exchange resins include the 
removal of harmful substances, e.g. cyanides, from waste water, the refining of 
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sugar, and the removal of potassium hydrogen tartrate from wines. The resins are 

also extremely useful in the extraction of valuable metals from solutions con- 

taining only small concentrations of the metal. Uranium, for example, can be 

obtained from the dilute sulphate(v1) solutions obtained by leaching uranium 

ores, silver can be recovered from waste photographic solutions, and valuable 
metals, such as gold and chromium, can be recovered from waste solutions after 

electroplating. 

+ 

hash dass os ROSS SA SSS \ 
Anlon-exchange Cation exchange 
membrane membrane 

Fic. 161. Use of ion-exchange membrane in an electrolytic cell. 

SELECTIVE ADSORPTION. CHROMATOGRAPHY 

12. Selective adsorption from solution. Some adsorbents will adsorb the 

different solutes which may be present in a mixed solution to different 
extents. If such a solution is passed through a column of the adsorbent, the 

most highly adsorbed solute will be adsorbed at the top of the column, 

whilst the weakly adsorbed solutes will be only gradually adsorbed lower 

down the column. The separation of the different solutes in the column, 

forming what is known as a chromatogram, can be improved by passing 

some more solvent down the column. This process is known as developing 

the chromatogram. 

When separation has been completed, the different solutes can be ob- 

tained by removing the column from its container, cutting it up into 
separate bands, and extracting the various solutes from the different bands. 

Alternatively, the solutes can be washed right through the column, one at a 

time, by passing a solvent down it; this is known as elution. 

Such techniques, known as chromatographic analysis, were first em- 

ployed by Tswett in 1906 to separate the various pigments present in leaves. 

The full possibilities of the method have been appreciated only since about 
1935, and the technique is now very widely used, and not only for coloured 

substances, though the term chromatographic still remains. 
If coloured substances are used, the separation achieved in the chromato- 

gram can be observed visually. If colourless substances are being separated, 
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ultra-violet illumination may show up the separation, or it may be neces- 
sary to use some chemical on the adsorbent to convert the colourless into 
coloured substances. 

The adsorbent materials most widely used include aluminium oxide, 
calcium carbonate, magnesium oxide, charcoal, starch, calcium phos- 
phate(v) and bentonite. The even packing of a column is an important 
matter. The solvents used, often mixed together, include propanone 
(acetone), petroleum ether, benzene, trichloromethane (chloroform), water 
and hexane. A satisfactory combination of adsorbent and solvent mixture 
can generally be found for any particular problem. 

Porous paper may also be used as the adsorption medium in the tech- 
nique known as paper chromatography. Ton-exchange resins (p. 499) are 
also used as adsorbents in special cases. 

13. Applications of chromatography. Three examples of chromatographic: 
analysis using, respectively, a column of aluminium oxide, paper and an 
ion-exchange column will illustrate the usage. 

a. Estimation of carotene in grass, The pigments in a weighed sample of 
dry grass are extracted by warming with petroleum ether. The solution 
obtained is green, the yellow colour of the carotene being masked by the 
green of the chlorophyll. 
A vertical glass tube with a pad of cotton wool and a clip at the bottom is 

packed with a 50-50 mixture of aluminium oxide and sodium sulphate(v1) 
by pouring in a slurry of the mixed solids with petroleum ether. The 
column is drained but not allowed to dry. 

The cooled solution of pigments is poured on to the top of the column, 

whereupon a green band of adsorbed chlorophyll forms at the top of the 

column with a yellow band of adsorbed carotene below it. When all the 
pigment solution has been poured through the column, the carotene layer is 

eluted by passing a 2 per cent solution of propanone 

(acetone) in petroleum ether through. The carotene 

solution coming from the bottom of the column is 

strip collected, and the amount of carotene it contains 

is estimated colorimetrically. 

Original drop b. Separation, of nickel and cobalt ions. A small 

of solution drop of an aqueous solution containing both Ni*+ 
and Co?* ions is applied to a 1 cm wide strip of 
filter paper arranged as in Fig. 162. The solvent, a 

Solvent mixture of propanone (acetone), water and con- 

Fic. 162. centrated hydrochloric acid in the proportions 
87:5:8 per cent by volume, rises up. the paper. 

When the solvent front reaches nearly to the top of the strip, the paper is 
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removed and dried. The separation of the Ni?+ and Co?* ions cannot be 
seen at this stage, but it becomes visible when the paper strip is sprayed 

with, or dipped into, a solution of rubeanic acid. A yellow-brown spot, 

showing the position of the Co?* ions, is seen well above a blue-violet 

spot, showing the position of the Ni** ions. 
In other applications the solvent front may be arranged so as to pass 

down a sheet of paper from a trough, or radially outwards from the centre 

of a circle of paper. 

c. Separation of transuranium metals: Intense and protracted neutron irradiation 
of a sample of Pu?*? produces a highly complicated mixture of transuranium 
elements together with many fission products. The problem of separating indi- 
vidual isotopes from such a mixture is enormous, and, without chromatographic 
techniques, would probably have been insurmountable. 
A solution of the transuranium metals in two drops of 0.05M by hydrochloric 

acid is passed through an ion-exchange column of Dowex-50 kept at 87°C by a 
vapour jacket. Elution by a solution of 0.4M ammonium 2-hydroxybutanoate 
gives drops of eluant which are collected, separately, on platinum plates. After 
evaporation to dryness the nature and quantity of material present on each plate 
is determined by investigation of the radiations from the material. As with the 
rare earths, or lanthanons, which can be separated in a similar way, the isotopes of 
higher relative atomic mass are eluted first. A plot of radioactivity against elution 
drop number therefore shows a series of peaks corresponding to fermium, ein- 
steinium, californium, berkelium, curium and americium. It was in this way that 
such elements were first isolated and detected. 

14, Gas or vapour chromatography. The type of chromatography described 

in the preceding sections depends on selective adsorption by a solid from a 

solution. In gas or vapour chromatography, the same principle is applied 

to the adsorption of gases or vapours by a liquid 

A column of an absorbent powder, such as kieseiguhr, is wetted with an 
involatile liquid such as a hydrocarbon oil, a silicone, or dibutyl benzene- 
1,2-dicarboxylate (phthalate). A steady flow of a carrier gas, such as 
nitrogen or hydrogen or carbon dioxide, is then passed through the 
column, heated if necessary, and the mixture of gases or vapours to 
be analysed is fed into the stream of carrier gas before it enters the 
column. 

The weakly adsorbed constituents of the mixture are soon carried right 
through the column, whereas the strongly adsorbed ones pass through only 
very slowly. Each constituent will, in fact, pass through the column at a 
different rate, depending on the extent to which it is adsorbed, and will 
come out from the end of the column at different times. A detector at the 
end of the column shows the emergence of the various constituents of the 
original mixture which is thus analysed. The commonest type of detector is 
a thermal conductivity gauge. The gas emerging from the end of the column 
is passed round a heated filament. The heat loss from the filament depends 
on the thermal conductivity of the gas mixture surrounding it, and its 
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electrical resistance, which is measured, changes as the gas mixture changes. 

The presence of different gases can, in this way, be detected. 

Gas or vapour chromatography provides a rapid and cheap method for 

analysing such complex mixtures as are found in petrols and oils, in gas 

mixtures, e.g. Calor gas, and in many naturally occurring mixtures of bio- 

chemical importance. The method can be used even when only small 

quantities of mixtures are available for analysis. 

QUESTIONS ON CHAPTER 45 

1, List ten examples in which quite obvious adsorption can easily be demon- 
strated. 

2. What do you suggest as the likely reason why the surface tension of liquids 
decreases as the temperature rises? 

3. How would you expect the surface tension of a mixture of two miscible 
liquids to be dependent on the deviation of the two liquids from Raoult’s law? 

4. Test the validity of the Macleod and Eétvos equations for some common 
liquids. 

5. Find out the details of any one example in which parachor values helped to 
solve a structural problem. 

6. The amount of ethanedioic (oxalic) acid, in moles, adsorbed by 5 g of 
activated charcoal varies with the equilibrium concentration of acid according to 
the following figures: 

Acid adsorbed/mol 0.29 0.60 0.75 0.90 1.05 
Equil. conc. 

acid/mol dm-3 0.030 0.080 0.115 0.175 0.260 

Use these figures graphically to show the validity of the Freundlich isotherm, 
and to find the value of the constant n. Do the figures also fit the Langmuir iso- 
therm? 

7. The volumes of nitrogen, at s.t.p., adsorbed by 1 g of activated charcoal 
at the same temperature but different pressures are tabulated as follows: 

Vol. of Nz 0.987 3.04 5.08 7.04 10.31 
Pressure 3.93 12.98 22.94 34.01 26.23 

Do these figures agree with the Langmuir isotherm? 
8. How would you attempt to establish, experimentally, that the amount of 

gas adsorbed by charcoal was proportional to the surface area of the charcoal? 
9. 500. cm? of a water surface is found to be covered by 0.106 mg of octa- 

decanoic (stearic) acid, which has a relative molecular mass of 284 and a density 
of 0.85 g cm~%. Assuming a close-packed and unimolecular film, estimate the 
cross-sectional area of a octadecanoic acid molecule, and the thickness of the 
surface film. What estimate would you make, from this data, of the film thickness 
to be expected from hexacosanoic (cerotic) acid? 

10. Describe the experiments you would carry out to get a numerical measure- 
ment of the relative adsorptive powers for ammonia gas of a sample of powdered 
charcoal and a sample of powdered sulphur. 

11. Give an account of the use of adsorption indicators. 
12. Distinguish between the meaning of the terms adsorption, absorption, 

chemisorption and physical adsorption. 
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13. Explain why (a) drops of water are spherical, (b) alkalis are good emulsifiers 
for grease, (c) ducks cannot float in water containing too much detergent, (d) 
water will spread on clean glass and wet it, but it will not do so on a waxy or 
greasy surface. 

14. Describe any applications of (i) chromatography, (ii) ion-exchange, which 
are not mentioned in this chapter. 



Chapter 46 

Colloids 

1. Particle size. A true solution contains small solute particles (molecules 
or ions) dispersed throughout a solvent; the particles are invisible even 
under a microscope. A suspension contains very much larger insoluble 
particles, which may be visible to the naked eye and are certainly visible 
under a microscope. 

Colloidal systems lie between the two extremes of a true solution and a 
suspension, and contain particles of intermediate size. These may consist of 
agglomerates of small particles, or of single particles such as large mole- 
cules of rubber, plastics, cellulose or proteins. 
There is, however, no absolute line of demarcation so far as particle size 

is concerned. In general, the size of particle encountered in colloidal 
systems is between about 1 nm and 100 nm in diameter. 

As a substance is broken down into smaller and smaller particles the 
total surface area increases, and surface effects (Chapter 45) become more 
and more important. Such effects play a predominant role in colloidal 
systems, and are responsible for the peculiar and distinctive properties of 
such systems. 

The foundations of colloidal science were laid by Thomas Graham 
(1805-1869), the first President of the Chemical Society. He introduced 
most of the terms still used in describing colloidal systems. 

Pa Types of colloidal systems. The terms solute and solvent, commonly used 
i 

perse phase and dispersion medium, The disperse phase is the ae 
which is distributed, in small particles, throughout the dispersion medium. 
Just as in true solutions, solutes and solvents can be solids, liquids or 

gases, so can the disperse phase and the dispersion medium be of different 

phases, as in the summary of important types of colloida] systems in the 
table on page 508. 

It will be noticed that two gases cannot form a colloidal system, as they 

are always completely miscible. 

The most widely studied type of colloidal system is that in which the 

dispersion medium is aliquid and the disperse phase a solid, and the dis- 

cussion in this chapter will be limited, mainly, to such systems. They may 
be subdivided into_lvophobic (solvent-hating) colloids and lvophilic (sol- 
vent-loving) colloids, the latter type giving rise to gels or pastes under some 
conditions, 

a. Lyophobic sols, e.g. a sulphur sol formed by reaction between a solution 

of sodium thiosulphate(v1) and an acid. In lyophobic sols there is little or 
no_interaction between the disperse phase_and the dispersion medi: um, As 

will be seen (p. 512), the solid particles are kept dispersed throughout the 

liquid phase because they are electrically charged. Once the solid particles 
hobic sol are coagulated an n- 
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this reason, lyophobic sols are sometimes called irreversible sols. They may 

also be referred to as suspensoid sols. Nya ay. 
ING YY 

Dispersion Disperse 
medium phase Type of colloid 

Gas Liquid Aerosol, fog, mist, cloud 
Gas Solid Aerosol, smoke, dust : 
Liquid Gas Foam, e.g., froth on beer, soap suds, whipped 

cream 
Liquid Liquid Emulsion, e.g., milk, rubber latex, salad dressing, 

haircream 
Liquid Solid Sols or gels or pastes, e.g., some paints, fruit 

jellies 
Solid Gas Solid foam, e.g., pumice, meringues 
Solid Liquid Solid emulsion, e.g., butter 
Solid Solid Solid sol or solid gel, e.g., some coloured glasses, 

wings of butterflies, pearls 

b. Lyophilic sols, e.g. a sol formed‘from gelatine and water. In lyophilic 

sols there is a.strong interaction between the disperse phase and the dis- 

persion medium, the latter being strongly adsorbed by the former. It is the 

adsorbed layer of the dispersion medium on the disperse phase which 

stabilises the sols, any electrical charge which may gxist playing a smaller 

part. If the disperse phase is separated from the dispersion medium, the sol 

can be remade simply by remixing. That is why lyophilic sols are called 

reversible sols. They are also called emulsoid sols because they are not un- 
like emulsions. 

c. Gels and pastes. Lyophilic sols can, under the right conditions, form, 
or set into, semi-solid masses known as gels or pastes. These may form 
immediately the disperse phase and dispersion medium are mixed, par- 
ticularly if the disperse phase is present in large quantities. Alternatively, 
they may form on cooling a hot sol, or on standing. A fruit jelly or a starch 
paste provide common examples. 

There are a variety of different types of gels but they all have a certain 
weak rigidity which allows them to be deformed elastically by small forces. 
Under larger forces, reaching what is known as the yield value, a gel 
structure breaks up. 
A paste is not unlike a gel but generally contains more solid colloidal 

particles. Examples are provided by Plasticine, putty, wet cements, oil 
paints, soils, clay and mud. 

PREPARATION OF SOLS AND GELS 

3. Lyophobic sols by condensation methods. In principle there is no reason 
why any insoluble solid cannot be obtained in the form of a lyophobic sol, 
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but stable sols are not always particularly easy to prepare or keep. The dis- 
persion medium may be any liquid, but water is most commonly used, the 
resulting sol sometimes being known as an aquasol. 

There are two general ways in which lyophobic sols might be made. In 
condensation methods, atoms or molecules are brought together under 
conditions in which they can unite and build up into particles of colloidal 
size. In dispersion methods, coarse powders are broken down into colloidal 
particles. Clean vessels must always be used. 

Typical examples of condensation methods are described below: 

a. By chemical reaction. Many reactions in which one of the products is 
an insoluble solid can be carried out in such a way that the solid builds up 
into particles of colloidal size. Dj i 
e i ; by 
dialysis (p. 517), if the sol is to remain stable. Complete removal of electro- 
lytes must be avoided as a little electrolyte is generally necessary to 
stabilise the sol. 

The following sols can be made fairly easily by the reactions given: 

Sol Reaction 

S sol (a) Na,S,03; + 2HCl —> 2NaCl + SO, + S + H2O 
(6) 2H,S + SO, —> 2H,O + 3S 

Fe(OH); sol | FeCl; + 3H,O0 —>» Fe(OH), + 3HCI. 
Pour a few cm? of concentrated iron(m) chloride solution into 

a large excess of boiling water 
As,S3 sol As,O; = 3H,S ae As,S3 + 3H,0. 

Adda 1 per cent solution of As,O; in-water to an equal volume 
of a saturated solution of hydrogen sulphide. Remove excess 
H,S by passing in hydrogen 

Au sol Reduce a 0.0005 per cent solution of gold(i) chloride using 0-3 
per cent methanal, Rochelle salt, yellow phosphorus and 
carbon disulphide, or 0.1 per cent tannin solution 

Ag sol] Reduce ammoniacal silver nitrate(v) solution by dextrin 

b. By exchange of solvent. The addition of an ethanolic solution of sulphur 
to excess water causes the sulphur to separate out as a very fine, and 

probably colloidal, precipitate, the sulphur being less soluble in the water- 

ethanol mixture than in ethanol alone. Similarly, addition of a solution of 

resin in ethanol to excess water gives a colloidal solution. 

4. Lyophobic sols by dispersion methods. 

a. Colloid mill. To break down even the most finely powdered substances 

into particles of colloidal size is not easy, the difficulty being in transmitting 

the necessary forces to the particles concerned. Numerous colloid mills 

have, however, been designed and patented for this purpose. A mixture 
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of the substance to be dispersed and the dispersion medium is fed between 
two steel surfaces moving in opposite directions with only a small gap 

between them. 
Such a mechanical method produces colloidal particles of widely varied 

" size, and cannot give those of very small size, but it is a convenient in- 

dustrial method of making colloidal solutions. 

b. Bredig’s arc method. Metallic sols can be made by striking an arc 

between two electrodes of the metal concerned immersed in the dispersion 
medium. The metal is vaporised by the arc and the vapour condenses and 

solidifies into particles of colloidal size. Platinum, gold, silver and other 

metallic sols can be made in this way. 

Currents of 50 to 100 volt and 5 to 10 ampere are satisfactory. The arc 

should be made and broken to maintain intermittent arcing, and any large 

particles of metal can be removed by filtration. 

A slight trace of electrolyte stabilises the sols formed. 

c. Peptisation. Particles of a precipitate larger than colloidal size can some- 
times be broken down into colloidal particles by adding an electrolyte 

to provide ions which are adsorbed by the precipitate. Addition of hydro- 
gen sulphide to precipitates of cadmium or nickel(m) sulphides, for example, 

gives colloidal solutions of the sulphides. Similarly, a precipitate of 

aluminium hydroxide can be converted into a sol by adding aluminium 

chloride, and silver chloride precipitates can be broken down into colloidal 

particles by adding silver nitrate(v) or potassium chloride. 

It is probable that the precipitate adsorbs one of the added ions, and that 
Ae ee Se ar cee eer aa 

cite Srocess is known as peptisation, the name originating from the fact 

that egg-white, partially coagulated by heating, can be reformed as a col- 

loidal solution by adding pepsin (extracted from pig’s or sheep’s stomachs) 

and a trace of hydrochloric acid. 

5. Preparation of lyophilic sols and gels 

a. Sols and gels of gelatine, agar-agar and starch. Gelatine (extracted from 

hides, tendons and bones, containing the protein collagen, by boiling 

with water), agar-agar (extracted from seaweeds found in Japan and the 

East), and starch form sols simply on mixing with hot water. On cooling, 

gels are formed which can be reconverted into sols by warming. Cornflour 
and custard powder are commonly used to give sols and gels of this type. 

b. Pectin gels. The white rinds of many fruits contain a carbohydrate-like 

substance called pectin, which may be extracted as a white powder. 

Pectin, together with weak acids such as 2,3-dihydroxybutane-1,4—dioic 
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(tartaric) and 2-hydroxypropane-1,2,3-tricarboxylic (citric) acids, and 
sugar, forms gels which are of great importance in jam-making. 

c. Nitrocellulose sols and gels. Mixtures of nitrocellulose and propanone 
(acetone) in different proportions form gels (with little propanone) or sols 
(with excess propanone). The gels are of the type used in such explosives as 
blasting gelatine. 

d. Rubber sols and gels. Unvulcanised rubber swells up when placed in 
benzene or petrol to form a gel. Further addition of benzene or petrol will 
form a sol of the type generally called rubber solution. 

e. Soap gels. A block of soap will turn into a gel if left standing in water. 
Similar gels can be made, too, by neutralising hot ethanolic solutions of 
fatty acids, such as octadecanoic (stearic) acid, with potassium hydroxide 
solution. 

f. Barium sulphate(v1) gel. Precipitation of barium sulphate(v1) by mixing 
saturated solutions of barium thiocyanate and manganese(u) sulphate(v1) 
in equivalent amounts produces a gel of barium sulphate(v1). 

g. Calcium carbonate gel. This can be made by mixing saturated solutions 
of calcium chloride and sodium carbonate. 

h. Sodium chloride gel. Addition of sulphur diochloride oxide (thionyl 

chloride), a little at a time, to an equal amount of dry sodium 2-hydroxy- 

benzene carboxylate (salicylate), with frequent shaking, gives a greenish- 

yellow gel of sodium chloride. This is a very good example of a substance 

generally regarded as a crystalline solid being obtained in a colloidal form. 

i. Solid ethanol. If 10 cm? of a saturated solution of calcium ethanoate is 

shaken with 90 cm? of ethanol, a gel, referred to as solid ethanol, is formed. 

It will not keep well, but can be stabilised by adding a little octadecanoic 

(stearic) acid. 

j. Silica gel. Reaction between dilute hydrochloric acid and a solution of 

sodium carbonate produces carbonic acid, 

Na,CO 3 + 2HCl —»> 2NaCl + H,CO, 

which, partially, splits up into carbon dioxide and water. 

Sodium silicate solution. (diluted water glass) reacts similarly, but the 

silicic acid formed is present in a colloidal state and the mixture readily 

forms a gel known as silica gel. The gel loses water on heating in a steam 

oven and the resulting hard, brittle mass can be broken up and used as a 

dehydrating agent, as a catalyst, and as a catalyst support. The product is 

very stable to heat and to attack by most chemical reagents. 
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PROPERTIES OF LYOPHOBIC SOLS 

6. Optical Properties. Although the particles in a lyophobic sol cannot be 

seen by the naked eye, even under a microscope, they_are of the right size to 
cause_scattering of light. The visibility of a beam of sunlight in a dusty 

atmosphere is well known, and is caused by the small dust particles 
scattering the light. 

A beam of light shows up, similarly, when passed through a lyophobic 

sol, the phenomenon being known as the Tyndall effect. The same beam of 

light passed through a true solution (free of any dust) is not scattered 

Light 
source 

True Colloidal 
solution. solution. 

No scattering Scattering of 
of light light 

Fic. 163. Formation of Tyndall cone by a colloidal solution. 

(Fig. 163). This is one way of distinguishing between a true solution and a 
lyophobic sol. 

If the scattered light is viewed, from the side, through a microscope, 
points of light originating from the individual colloidal particles can be 
seen. Such an arrangement (Fig. 164) is known as an ultra-microscope, and 
was first used in studying colloids by Zsigmondy. 

Microscope 

q_ 
. 

Fic. 164. Principle of the ultra-microscope. 

° 
Brownian motion (p. 79), and it can be used to obtain some information 
about the numbers of particles present and about particle size and shape, 
though any conclusions drawn about size and shape must be tentative as 
the particles are not being viewed directly. 

7. Electrical properties. The stability of a lyophobic sol is due, predomi- 
nantly, t y 
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charged. The particles therefore repel each other and do not coagulate into 
larger non-colloidal particles, unless the repulsive forces are overcome or 
the electrical charges are neutralised. 

As a lyophobic sol is much more stable if a trace of electrolyte is present, 
it is thought that the electrical charge on the particles is caused by the ad- 
sorption of ions from the dispersion medium. Either positive or negative 

The existence of the electrical charge has a marked effect on the proper- 
ties of lyophobic sols. 

a. Electrophoresis or cataphoresis. If two platinum electrodes, with a poten- 
tial difference between them, are immersed 
in a lyophobic sol, the colloidal particles will 
move to the positive or negative electrode 
depending on whether the particles are nega- 
tively or positively charged. 

The movement of the particles in the elec- 
trical field can be observed by the ultra- 
microscope or, alternatively, by observing 
the boundary between a sol and its disper- 
sion medium. In the arrangement in Fig. 
165, for example, the right-hand boundary 
will move upwards as the negative particles 
in the platinum sol move towards the posi- 
tive electrode. 

Cathode Anode 

Fic. 165. Electrophoresis. 

s 
electrophoresis or cataphoresis. The rate with which colloidal particles 
move depends on their charge, size and shape, but it is of the order of 
2 x 10-° ms“? for a potential gradient of 100 V m~!. The direction of 
movement can be used to determine whether a colloidal particle is positively 
or negatively charged. 

Using water as the dispersion medium, the charge on the particles of 
some common sols is as follows: 

Negatively charged Positively charged 

Metallic particles Tron(m) hydroxide 
Starch Aluminium hydroxide 
Clay Haemoglobin 
Silicic acid Basic dyes 
Arsenic(i) sulphide 

but particles with opposite charges can be obtained under different condi- 
tions (p. 516). 
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Tiselius, a Swedish scientist, has recently improved the experimental techniques 
used in studying electrophoresis and modern methods are capable of separating 
complex mixtures of proteins or amino acids. The separation is dependent on the 
differing charge of different proteins or amino acids in solution. The separation 
can be brought about between two electrodes immersed in a buffer solution on 
both sides of a solution of the mixed proteins or, alternatively, the solution may 

Cathode Anode 

Distilled 
water 

Plug of clay 

Fic. 166. Electro-osmosis. 

be subjected to an applied electrical field whilst 
adsorbed on paper. In the second method elec- 
trophoresis is combined with paper chromato- 
graphy, a combination which has provided a 
very powerful means for separating amino acids. 

b. Electro-osmosis. As_a colloidal solution 
is, as a whole, electrically neutral, the charge 
on_the colloidal particles must he balanced 

fund saad aeilie. 

persion medium. Something in the nature of 

a Helmholtz double layer (p. 425) is prob- 

ably set up, a negative charge on a particle 

being associated with a positive charge in 

the surrounding dispersion medium. 

The movement of particles of the dis- 

perse phase towards the positive electrode 

in electrophoresis will, therefore, be accompanied by the movement of the 

dispersion medium towards the negative electrode. The movement of the 

Fic. 167. Electro-osmosis. 

Porous 
pot 

dispersion medium is known as electro-osmosis. It can be demonstrated 
by using stationary colloidal particles, i.e. by preventing electrophoresis. 
A plug of clay provides stationary, negatively charged colloidal particles 

(Fig. 166), Water, in contact with the clay, must carry a positive charge. 
Under the influence of an electric field, the water will be found to move 
away from the positive and towards the negative electrode. 
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A porous pot also provides a stationary medium which is colloidal-like 
in nature by virtue of its large surface area. If such a pot is assembled as in 
Fig. 167, application of the electric field in one direction causes a flow of 
water from inside to outside the pot. If the field is reversed, the flow of 

water is from outside to inside. 

Electro-osmosis and electrophoresis can be shown taking place together 

by placing two glass tubes into a 

soft lump of moist clay. Water is 

added to each tube, and electrodes 

inserted (Fig. 168). On applying a 

potential difference between the 

electrodes, clay (negatively charged) 

Lump of will be found to move up one tube 
softiciay towards the positive electrode, 

; whilst water (positively charged) 

Fic. 168. Electro-osmosis and will move up the other tube to- 

electrophoresis. wards the negative electrode. 

c. Streaming or sedimentation potential. Motion is produced in electrophoresis and 
electro-osmosis by the application of an external potential difference. In the 
reverse effects, a potential difference can be caused by motion. 

If, for example, a liquid is made to pass through a capillary tube or through 
the capillary pores in, say, a porous pot, a potential difference, known as the 
streaming potential, is set up. It can be detected by placing electrodes at the inlet 
and outlet ends of the capillary. 

Similarly, a potential difference, known as the sedimentation or centrifugation 
potential, is set up if solid particles are made to pass through a liquid by sedi- 
mention or by the application of a centrifugal field. This is sometimes called the 
Dorn effect. 

All these effects in which motion and potential difference are related are known, 
collectively, as electro-kinetic phenomena. 

d. Coagulating effect of electrolytes. The presence of small traces of 

electrolyte, i.e. of some ions, is essential for the preparation of a stable 

lyophobic sol as it is the adsorption of such ions by the colloidal particles 

which, in most cases, leads to the electrical charge on the particles. 

Addition of more ions to a lyophobic sol, however, invariably_causes. 
coagulation, the effect depending on the nature of the colloid and on the 

concentration and nature of the added electrolyte. A negatively charged ion 

versa. For_equal concentrations, the coagulating effect depends on the 
zs : - Roget x 

Al>+ ions, for instance, will coagulate negatively charged sols much more 

effectively than bivalent ions, and bivalent ions are more effective than 
monovalent ones. Similarly SO,?~ ions coagulate a positive colloid more 

readily than Cl- ions. Mixing negative and positive colloids also causes 

mutual coagulation. 
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The coagulation of colloidal particles is thought to be due to adsorption 

of the coagulating ion. Such adsorption will decrease the electrical charge 

on the colloidal particles until, at the iso-electric point, the particles carry 

no charge and coagulate. That such a mechanism is likely is shown by the 

fact that the electrophoretic velocity of a colloidal particle decreases as an 

electrolyte is added until it becomes zero at the iso-electric point. 

The greater the concentration of added electrolyte, the more readily will 
the electrical charge on the colloidal particles be neutralised. Rapid addi- 
tion of a concentrated solution of an electrolyte to a sol may sometimes, 
however, not bring about coagulation. Instead, the electrical charge on the 
colloidal particles is reversed and it appears that adsorption of ions takes 

: c : g : 

coagulation. Addition of concentrated aluminium sulphate(v1) solution to 
a negatively charged gold sol, for example, produces a positively charged 
gold sol. 

Examples in which electrolytes are used to bring about coagulation of 
sols are provided by (i) the use of alum (a cheap source of Al$+ ions) in 
treating sewage and dirty swimming-bath water, and in styptic pencils 
which are used to make blood clot, (fi) the formation of deltas when the 
colloidal particles present in fresh river water are coagulated by the higher 
concentration of electrolyte in sea-water, (iii) the coagulation of rubber 
latex by adding methanoic (formic) acid, (iv) the curdling of milk by the 
2-hydroxypropanoic (lactic) acid formed as the milk goes sour. 

e. Electrostatic precipitation of smokes or mists. If a smoke or a mist is 
passed between highly charged plates, the colloidal particles are deposited. 
The process is used industrially, under the name of the Cottrell or Cottrell— 
Miller process for the deposition of smoke, dust and mist-like fumes. 
Sulphur dioxide is purified in this way, for example, in the Contact process 
(p. 326). A potential difference of about 50 kV is used. 

f. Adsorption indicators. Addition of silver nitrate(v) solution to a sodium 
chloride solution produces a precipitate of silver chloride which is partly in 
colloidal form. As soon as any excess silver nitrate(v) is added to the mix- 
ture, the precipitate preferentially adsorbs Ag* ions and becomes positively 
charged. If a dye, such as fluorescein, is present, the positively charged 
precipitate will adsorb the fluorescein anion. As a result, the precipitate 
becomes pink in colour, and, sometimes, coagulates. 

ion 
i 

thiocyanates against silver nitrate(v), When first added to the solution i in 
the conical flask, the fluorescein imparts a yellowish-green colour. As silver 
nitrate(v) solution is run in, a white precipitate of silver salt forms and, at 
the end point, this precipitate turns sharply pink, and may coagulate. 
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Eosin, dichlorofluorescein and diphenylamine blue are also commonly 
used as adsorption indicators. 

8. Diffusion of lyophobic sols. Dialysis. A solute will diffuse from a true 
solution into the pure solvent or into a weaker solution. A layer of water, 
for example, can be placed, with care, on top of a copper(m) sulphate(v1) 
solution. On standing, the blue colour of the copper(m) sulphate(v1) will 
diffuse upwards into the water layer (p. 280). 

n 
that of true solutes, and the boundary between, say, an arsenic(m) sulphide 
sol and water will remain sharp for a very long time. This is because 

colloidal particles are very much 

bigger than the solute particles in a 

true solution. 

An iron(m) hydroxide sol made by 

Membrane the hydrolysis of iron(m) chloride 
Fic. 169. Dialysis. will be mixed with some hydro- 

chloric acid. If the mixture is placed 

in a container made of cellophane or parchment paper or pig’s bladder, 

and the container is dipped into running water, the acid will diffuse through 

the membrane and can be detected in the running water. The iron(m) 

hydroxide particles will diffuse only very, very slowly so that a purified sol 

will remain in the container. The apparatus is called a dialyser (Fig. 169). 

Graham (p. 507) classified substances which would diffuse through parchment 
paper as crystalloids and those which would not as colloids, but this classification 
is, nowadays, of little value as the same substance can, in many cases, be obtained 
in both crystalline and colloidal states. 

9. Osmotic pressure of lyophobic sols. The osmotic pressure of a solution 

depends on the number of solute particles present (p. 263), and a solution 

containing 1 mol (6.02252 x 103 molecules) of undissociated and un- 

associated solute in 22.4 dm? of solution will have an osmotic pressure of 

101.325 kN m7? at 0°C 

From measured osmotic pressures of sols it is possible to obtain values of 
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particle mass just as relative molecular mass values can be obtained for true 

solutions (p. 288). The accurate measurement of the osmotic pressure of a 

sol is, however, difficult, as a slight trace of any true solute impurity 

introduces large errors. 

10. Viscosity of lyophobic sols. The particles in most lyophobic sols are approxi- 
mately spherical in shape and there is 

. As a result, the viscosity of a lyophobic sol is only very 
slightly greater than that of the pure dispersion medium. 

PROPERTIES OF LYOPHILIC SOLS 

11. Comparison with lyophobic sols. The particles in a lyophobic sol are 

stabilised by the electrical charge they carry and there is little or no inter- 
action between the disperse phase and the dispersion medium. In a lyo- 
philic sol, electrical charges may be present, but they play a much smaller 
part in rendering the sol stable than the interaction hetween the disperse 
phase and the dispersion medium. It i idered ti ; loidal ee fiat : 

rounded by an adsorbed layer of molecules of the dispersion medium, 
that it is the adsorbed layer which prevents the particles coming together. 
and coagulating, 

The general properties of lyophilic sols are compared with those of lyo- 
phobic sols below, and a summarising table is given on p. 579. 

a. Optical properties. In a lyophobic sol the scattering of light by the 
colloidal particles can only be observed because these particles have a 
different refractive index from that of the dispersion medium. A lyophilic 

the refractive index of the col- 
loidal particles, with their adsorbed layer, being much the same as that of 
the dispersion medium. Consequently, lyophilic colloids do not exhibit the 
Tyndall effect at all markedly. 

b. Electrical properties. If the particles in a lyophilic sol are electrically 
charged then electrophoresis and electro-osmosis will take place, but many 

because they 
do not carry any electrical charge. 

c. Coagulation of lyophilic sols. The removal of the electrical charge on a 

causes coagulation, and such coagulation can be brought about by low 
concentrations of added electrolyte. Low concentrations of electrolyte will 
not, however, coagulate lyophilic sols, and, moreover, the Hardy—Schulze 
rule does not apply. 

coed ae a ie esc Serene oe cee ete er aes 
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something whi j i i ium. 
When the dispersion medium is water, this can generally be done by adding 
a lot of an electrolyte. The ions present become hydrated and, in this way, 
lower the number of water molecules available for adsorption on the col- 
loidal particles. It is probable that the use of salt in the salting-out of 
soap (p. 382) helps to coagulate the soap in this way. 

_ Alternatively, addition of alcohol facilitates coagulation by lowering the 

concentration of water molecules in the dispersion medium. 

d. Diffusion. Dialysis. Lyophilic sols behave in the same way as lyophobic 

sols so far as diffusion and dialysis are concerned. 

€. Osmotic pressure. The osmotic pressure of lyophilic sols is low, as for 
lyophobic sols. 

f. Viscosity. The marked interaction between the disperse phase and the dis- 
persion medium in a lyophilic sol causes the sol to have a higher viscosity than 
the pure dispersion medium, even at low concentration. At higher concentrations 
the viscosity increases very greatly until a gel is formed. 

12. Comparison of lyophobic and lyophilic sols. The main properties of 

lyophobic and lyophilic sols are compared in the table below. 

Lyophobic sols Lyophilic sols 

Particles may or may not be charged Colloidal 
charged 

particles _ electrically 

Stability due to electrical charge 

Not prepared by direct mixing. Irre- 
versible 

Exhibit Tyndall effect 
Undergo electrophoresis and electro- 
osmosis 

Coagulated by low concentrations of 
electrolytes 

Stability due to adsorption of disper- 
sion medium 

Often prepared by direct mixing. Re- 
versible - 

Do not exhibit Tyndall effect 
Undergo electrophoresis and electro- 
osmosis if electrically charged 

Coagulated by high concentrations of 
electrolytes 

Very low rates of diffusion. Can be separated from true solutes 
by dialysis 

Viscosity not much greater than that 
of dispersion medium 

Do not generally form gels 
Low osmotic pressure 

Viscosity noticeably higher than that 
of dispersion medium 

Commonly form gels 
Low osmotic pressure 

13. Protective action of lyophilic colloids. The coagulating effect of an 
he addition of a 

1 ; 
It is supposed that the lyophilic material is adsorbed by the colloidal 

particles of the lyophobic sol, the new particle being, in effect, lyophilic. 

The lyophobic sol treated in this way is said to be protected, and the lyo- 

philic colloid used is known as a protective colloid. 
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Various methods have been used to measure the protective action of different 
materials quantitatively, the commonest being the use of the gold number, 
introduced by Zsigmondy. This is defined as the mass in milligrammes of the 
protective colloid which must be added to 10 cm? of a specially prepared red 
gold sol just to prevent a change to violet (i.e. an increase in particle size) on the 
addition of 1 cm? of 10 per cent sodium chloride solution. The gold number of 
gelatine lies between about 0.005 and 0.01; that of potato starch is about 25. 

The use of protective colloids to stabilise colloidal systems is widespread. 
Typical examples are provided by the addition of egg-white (egg albumen) 
to olive oil and vinegar in making mayonnaise, and the use of gelatine in 
ice-cream to prevent the formation of small ice crystals. 

14. Sedimentation. The ultra-centrifuge. Solid particles suspended in a liquid will 
fall or rise depending on the density of the particles. The fall of suspended par- 
ticles is known as sedimentation; the rise, as creaming. 
When the particles concerned are very small, as in colloidal solutions, the 

Brownian motion will be sufficient to prevent any great sedimentation under the 
influence of gravity. By using a centrifuge, however, the force exerted on the 
particles can be greatly increased. In order to study the sedimentation of colloidal 
solutions, Svedberg developed an ultra-centrifuge with a rotational speed high 
enough to produce forces over 105 times greater than the force of gravity. 

Svedberg used the ultra-centrifuge to measure rates of sedimentaion for col- 
loidal particles and, by applying a form of Stokes’s law (p. 93), developed one of 
the most reliable methods for measuring the relative molecular masses of colloids. 

Perrin also made use of the sedimentation of colloidal-size particles. By studying 
the density distribution of such particles after they had been allowed to sediment 
under the force of gravity, he was able to obtain a value for the Avogadro number. 

QUESTIONS ON CHAPTER 46 

1. What is the total surface area of a cube of side 1 cm? What is the surface 
aréa when the same cube is divided into cubes of side 10-6 cm? 
(x the average diameter of gold particles in a sol containing 1 g of gold per 

is 4 um, and the density of gold is 20 g cm~?, calculate the approximate number of gold particles per dm?. What Osmotic pressure would you expect this sol to have, and what would be its freezing point? 
3. If 1 cm? of gold is completely subdivided into small spheres of radius 2.5 nm, how many spheres will there be and what will be the total surface area? 4. How would you prepare colloidal solutions of (a) arsenic(m) sulphide, (b) a metal such as gold or platinum ? Either describe a method by which the sign of the electrical charge on the particles of a colloid could be determined, or indi- a os the part played by the electric charge in colloidal phenomena. (QO. & 

5. Describe in detail how you would prepare (a) one lyophilic, and (5) one lyo- phobic colloidal solution. What experiments would you use to show three essential differences in character between the two colloidal solutions whose preparation you describe? (O. & C. S.) 
6. Write short notes on the following: (a) Brownian motion, (5) the ultra-micro- scope, (c) protective action, (d) gold number. 

, 7, What is the Hardy—Schulze rule? How would you demonstrate its applica- tion experimentally ? 
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8. Describe the essential features by which you would recognise a solution as 
colloidal. (O. & C. S.) 

9. Give concisely the meanings of four of the following terms: colloidal solu- 
tion, dialysis, coagulation, electrophoresis, gel, Tyndall cone. (O. & C.) 

10. Explain with examples how you would demonstrate three important proper- 
ties of colloidal solutions. State whether the properties to which you refer are 
characteristic of lyophobic colloids, lyophilic colloids, or both. State briefly how 
he es prepare in a colloidal state one metal and one non-metal or compound. 

11. What do the following terms signify: coagulation, peptisation, endosmosis, 
Tyndall cone? How would you make a colloidal solution of iron(m) hydroxide 
and how would you determine whether the charge on the colloidal particles was 
positive or negative? (O. & C.) 

12. What will be the osmotic pressure at 25°C of a solution containing 20 
g dm~* of a protein of relative molecular mass 69 x 1032 

13. What would you observe if a mixture of a solution of starch and potassium 
iodide was separated from chlorine water by cellophane in a dialyser? 

14. Describe and explain two ways in which the nature of the electrical charge 
on the particles in an iron(m) hydroxide sol can be determined. 

15. Coagulation of colloids is caused by heat, salt solutions, acids or alkalis, 
electrical precipitation and mixing with an oppositely charged colloid. Illustrate 
this statement, using specific examples. Is the statement invariably true? 

16. Write short notes on the following: peptisation, protective action, dialysis, 
Brownian motion. 

17. What is the Tyndall effect ? Why are motor car headlights less effective in a 
fog than on a clear night? Why are fog lights usually yellow? 

18. Compare and contrast, in three columns, the general properties of (i) a 
solution of sucrose in water, (ii) a suspension of calcium carbonate in water, 
(iii) an aquasol of sulphur. 

19. How would you obtain crystals of pure sodium chloride from a mixture of 
sodium chloride and starch. 

20. Comment on the following: (a) A stable gold sol is obtained by using an 
organic reducing agent such as tannin whereas the sol obtained using an in- 
organic reducing agent is less stable. (6) Butter churns more readily from sour 
than from sweet cream. (c) The electrophoretic velocity of a sol is lowered by 
adding an electrolyte. 

21. If you had to write a chapter on Colloids, what section headings would 
you choose? Give, in note form, the content of each section. 

22. Peptisation is often a nuisance in analysis. Comment. 
23. Explain the different principles used in the operation of (i) an optical 

microscope, (ii) an ultra-microscope, (iii) an electron microscope. 
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The phase rule 

1. Terms used. The phase rule, put forward by J. Willard Gibbs, between 

1875 and 1878, as a result of precise and complicated mathematical and 

thermodynamic studies, is concerned with the conditions under which 

equilibria can exist in heterogeneous systems. In particular, it is concerned 

with the effects which changes of temperature, pressure and concentration 

will have on the equilibrium of a heterogeneous system. It shows that a 

simple, unifying principle holds for all systems in equilibrium. 

The rule states that the number of phases (P), the number of com- 

ponents (C), and the number of degrees of freedom (F) in a system in 

equilibrium are always related by the expression 

F=C+2-P 

To understand the meaning of this it is first necessary to clarify the mean- 

ings of the terms phase, component and degree of freedom. 

a. Phases. A heterogeneous, system will consist of various homogeneous 

parts in contact with each other but with distinct boundaries. The various 

homogeneous parts, which will also have distinct physical and chemical 

properties, and which may, if necessary, be mechanically separated from 

each other, are known as phases. 

A phase may, therefore, be defined as any part of a system which is 

The following examples will illustrate the use of the term: 

System Phases 

Mixtures of gases which do not react | 1 gaseous phase (all gases are com- 
pletely miscible) 

Ice and water 2 phases; 1 solid and 1 liquid 
Water and water vapour 2 phases; 1 liquid and 1 gaseous 
Ice, water and water vapour 3 phases; 1 solid, 1 liquid and 1 gaseous 
Two immiscible liquids 2 phases; both liquid 
Two miscible liquids 1 liquid phase 
Solid naphthalene and naphthalene | 2 phases; 1 solid and 1 gaseous 
vapour 

Calcium carbonate, calcium oxide | 3 phases; 2 solid and 1 gaseous 
and carbon dioxide 

Monoclinic and rhombic sulphur 2 solid phases 

It will be seen that 2-phase systems may consist of solid plus liquid, solid 

plus gas, liquid plus gas, two liquids or two solids. Miscible gases and 

miscible liquids constitute a single phase; different solids, except in solid 
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solution (p. 261), are regarded as different phases however intimately they 
may_be mixed. 

b. Components. The components of a system are the least number of separate 
substances which must be chosen to define fully the composition of every 
Dhase of the system. 

It is important to realise that the components of a system may, or may 
not, be the same as the actual substances present in the system, i.e. the 
constituents of the Seen Only_those_constituents_of_an_equilibrium 

ponents. 4 eR vf Wie t ¢ - spall Cnt. _ 

In the system ice-water—water vapour the only component is water; itis , . 
a one-component system. Hydrogen and oxygen are not components of the 
system because they are not present, as such, in the equilibrium mixture. 

In the system calcium carbonate-calcium oxide-carbon dioxide there are 
three constituents, but only two components. This is because the amount of 
the third constituent can be expressed in terms of the other two. If calcium 
oxide and carbon dioxide be chosen, for instance, as the components, the 
amount of calcium carbonate can be expressed as so much calcium oxide 
plus so much carbon dioxide, i.e. 

CaCO, = CaO + CO, 

(Components) 

Alternatively, if calcium carbonate and carbon dioxide be chosen as the 
components, the amount of calcium oxide can be expressed as so much 
calcium carbonate minus so much carbon dioxide, i.e, 

CaO = CaCO; — CO, 
(Components) 

The number of components in any system is fixed and definite, but a 
choice is allowable in the actual selection of the components, the simplest 
choice generally being made. For the calcium carbonate-calcium oxide-. 
carbon dioxide system, it is simplest to choose calcium oxide and carbon 
dioxide as this avoids using negative quantities. 

c . Degrees of freedom. The number of degrees of freedom of a system is the 
smallest number of variable factors, such as temperature, pressure or concen- 
tration of the components, which must be fixed in order that the system can 
remain permanently in one position of equilibrium. 

The equilibrium between a liquid and its vapour, for example, depends 
on temperature and on pressure; the amount of liquid present, so long as 
there is enough to establish a liquid-vapour equilibrium, does not affect 
the issue. If the temperature is fixed, the vapour pressure is also. fixed. 
Conversely, fixing the pressure fixes the temperature, for a liquid and its 
vapour can only be in equilibrium under a given pressure at one particular 
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temperature. A liquid—vapour system has, therefore, only one degree of 

freedom; it may also be described as uwnivariant. 

For a gas, temperature, pressure and concentration (volume)-can all be 

varied. If only one of these three variable factors is fixed, the other two can 

still be varied. A gas at a fixed temperature, for example, can still exist 

under different pressures at different volumes. But if two of the three 

variables are fixed, the third will also be fixed. A fixed volume of gas at a 

fixed temperature will have a fixed pressure. A gas, therefore, has two 
degrees of freedom or is bivariant. 

ONE-COMPONENT SYSTEMS 

2. A gas. The phase rule states that, for every system in equilibrium, the 

number of degrees of freedom is equal to the number of components plus 2, 

minus the number of phases, 

F=C+2-P 

For a single gas, there is one phase and one component. The number of 

degrees of freedom is, therefore, two, which is in agreement with the con- 

clusion reached at the end of the preceding section. 

3. Ice plus water plus water vapour. In a mixture of ice and water, there are 

two phases and one component. The number of degrees of freedom is, 

therefore, 1. This means that there is only one temperature at which ice and 

water can exist in equilibrium at a fixed pressure, or only one pressure at 

which they will co-exist at a fixed temperature. 
In the system ice—water—water vapour there are three phases and one 

component, giving no degrees of freedom. The system is said to be in- 
variant. This means that there are no variable factors in this three-phase 
system. The three phases ice, water and water vapour can, in fact, only 

aa (610.6Nm-2), E light al : f & 

The various equilibria which can exist when water is held at various 
pressures and temperatures can be summarised in a pressure-temperature 
diagram, as in Fig. 170, which, in order to show the various areas more 
clearly, is not drawn to scale. 

Line OA is the vapour pressure-temperature curve for water; it shows 
the pressure of water vapour which can exist in equilibrium with liquid 
water at different temperatures. The upper limit of OA, at A, is the critical 
point (p. 174) beyond which the liquid phase is no longer distinguishable 
from the vapour phase. 

Line OB is the sublimation pressure-temperature curve for ice, showing 
the pressure of water vapour which can exist in equilibrium with solid ice. 
The lower limit of OB will be at 0 K. 
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Line OC shows the effect of pressure on the melting point of ice or the 
freezing point of water. So far as is known there i is no upper limit to the 
line, i.e 

prducal y ~ 

2.209 x 104 | 

1.013x 102 
PRESSURE / kN m?——> 

6.106 x 107! 

TEMPERATURE /°C_ —————>- 
Fic. 170. bie curves for the water system. (Not to scale.) 

At O, which is called a triple point, solid, liquid and vapour. are in 

equilibrium. The system, at this point, has no degrees of freedom; it is 

invariant. 

Along the lines OA, OB and OC, two phases may coexist in equilibrium; 

water and water vapour along OA, water and ice along OC, and water 

vapour and ice along OB. At any point on any of these lines, the system has 

one degree of freedom. 

Within the areas AOC, AOB and BOC only one phase can exist, and at 

any point within these areas the system has two degrees of freedom. The 

state of affairs may be summarised as 

ae 3 Phases in Degrees of 
Position on diagram eaoruc Weedon 

O. Triple point Solid, liquid and vapour 
Along OA Liquid and vapour 
Along OC Liquid and solid 
Along OB Solid and vapour 
Within AOC Liquid phase only 
Within AOB Vapour phase only 
Within BOC Solid phase only 
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this is known as super-cooling. When water is super-cooled, the line AO is 
extended along OD, but the system existing at any point on OD is meta- 

stable (p. 217). 
The sl é the line OC s} hat th Iti seert iol a 

the pressure increases. This is rather unusual, and is only shown by bismuth 
and antimony amongst other common substances, but it has important 

consequences. The decrease of melting point with increase of pressure is 

related, by Le Chatelier’s principle, to an increase in volume, i.e. decrease 

in density, on solidification. If pressure is applied to ice it will melt, because 

the decrease in volume on melting will tend to relieve the applied pressure. 

Such considerations show why ice floats in water, and have an important 

bearing on ice-skating and the flow of glaciers. 
8 8 § : Ao SB a Sv 

A&E Se apn Su 

F Bo Sx 25 Su 

Se 
Ac Sg Pfs S@ 

Ce Se. BfrnS2 

== inakas table 

Cufen blarvrwd b 

Hestoo Ge rapiell, . Ll (wm 
LIQUID “Bos : 

~0 $x tG,4 Sv — 
vnctactole tripe pl. 
CON + Le Cu johades 

E Sx Sp, Se.Sv co & 

1.307 x 10° 

PRESSURE / kN m-? ——> 

—3 
—_ 3.333 x 10 =e 

= (| tort 1,333 x10}: = ; 
SH —! Crrgour pleeke 

TEMPERATURE /°C] ————> 

Fic. 171. Pressure-temperature curves for the sulphur system. 
(Not to scale.) 

4. Sulphur. The water-ice-water vapour system is a three-phase system. 
Sulphur provides an example of a four-phase system, because of the 
existence of two solid allotropes, rhombic and monoclinic sulphur, repre- 
senting two solid phases. A full consideration of the sulphur system is 
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complicated by the fact that liquid allotropes of sulphur also exist. In this 
treatment the conditions under which rhombic, monoclinic or liquid sul- 
phur can or cannot coexist with sulphur vapour are studied. 

The pressure-temperature diagram is given in Fig. 171 in a simplified 
form, and not to scale. What the various lines and points oe is 
summarised below: 

What it represents 

AO Vapour pressure curve of 
monoclinic S 

Vapour pressure curve of 
liquid S 

Vapour pressure curve of 
rhombic S 

Effect of pressure on tran- 
sition point between 
rhombic and monoclinic S 

Effect of pressure on m.pt. 
of monoclinic S 

Effect of pressure on m.pt. 
of rhombic S 

Point O | Triple point for rhombic S, 
(95.5°C and} monoclinic S and §S va- 

AE 

BO 

Co 

AC 

CF 

Phases in 
equilibrium 

Monoclinic S and § 
vapour 

Liquid S and S vapour 

Rhombic S and S 
vapour 

Rhombic Ss 
monoclinic S 

and 

Monoclinic S and 
liquid S 

Rhombic S and liquid 
S 

Rhombic S, mono- 
clinic S and S vapour 

Degrees of 
freedom 

1.333Nm~?)| pour 
Point A_ | Triple point for monoclinic 

(120°C and | _ S, liquid S and S vapour 
3.333Nm~?) 

Point C 
(55°C 

and 130.7 
MNm~?) 

Monoclinic S, liquid 
S and S vapour 

Monoclinic S, rhombic 
S and liquid S 

Triple point for monoclinic 
S, rhombic S and liquid S 

Within the areas FCAE, EAOB, FCOB and COA only one phase can 

exist as shown in the diagram. Monoclinic sulphur can only exist by itself, 
for instance, within the area OAC. 

The dotted lines in the diagram represent metastable systems which, in 

many cases, can be obtained quite readily because the attainment of 

equilibrium in the sulphur system is slow. If rhombic sulphur is heated 

quite rapidly, for example, it will follow the curve BOD rather than BOA, 
OD being the metastable vapour pressure curve of rhombic sulphur. At D, 

114°C, the rhombic sulphur will melt, and then follow the curve DAE, DA 

being the metastable vapour pressure curve of super-cooled liquid sulphur. 

DC represents the metastable melting point curve for rhombic sulphur, and 
int E oe aigle pele tte ehopeidie aight Jignid auipl ' 

sulphur vapour, 
It will be noticed that rhombic sulphur, monoclinic S, liquid sulphur and 
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sulphur vapour never exist altogether. If they did, there would be four 
phases and one component, which, by application of the phase rule 

F=C+2—P 

would lead to the impossible situation of having a number of degrees of 
freedom equal to minus 1. 

monoclinic sulphur has a higher density than liquid sulphur. The effect of 
increased pressure on the melting point of monoclinic sulphur, therefore, 
causes a rise of melting point. Hence the slope of the line AC. Similarly, it 
is the fact that rhombic sulphur has a higher density than monoclinic 
sulphur that accounts for the slope of the line OC. 

5. Sublimation. The direct change from a solid to a vapour, or vice versa is ee : t is 

usually very small. It may not be small, however, and it is obvious enough 
in solids such as naphthalene, which evaporate quite markedly, and in the 

LIQUID 

ew 
> 
Yn 

my] 
= SS 

Oo 

Melting point 
of solid 

TEMPERATURE ————>- 
Fic. 172. Sublimition can take place if P is greater 
than the external pressure on the system. 

recognisable smell of many solids. Like the vapour pressure of liquids, that 
of solids increases with temperature, and i i 

ure, 
Substances which will sublime at atmospheric pressure, e.g. naphthalene, 

iodine, and solid carbon dioxide, can be liquefied at higher pressures. 
It is only necessary for the melting point of a solid to be reached before its 
vapour pressure becomes equal to the external pressure for sublimation to 
be impossible. 
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Alternatively, solids which do not sublime at atmospheric pressure, may 

do so at lower pressures. 

If the value of P, the triple-point pressure, in Fig. 172, is greater than the 

external pressure on the system then the vapour pressure of the solid can 

reach that external pressure before the solid melts, i.e. the solid can sub- 
lime. 

-TWO COMPONENT SYSTEMS 

Mixtures of a solid and a liquid, two liquids (completely or partially 

miscible, or immiscible), or two solids provide examples of two-com- 

ponent systems in which the conditions necessary for equilibrium between 

various phases raise many interesting questions. Such systems have, how- 

ever, been considered already by regarding them as solutions. 

In this section, two examples of equilibrium between solid and vapour 

phases of two-component systems will be considered. 

6. Thermal decomposition of calcium carbonate (p. 318). On heating calcium 

carbonate, calcium oxide and carbon dioxide are formed. This is a two- 

component system, as explained on p. 

523, so that 

F=4-—P 

If the two solid phases, calcium carbon- 

ate and calcium oxide, are present, along 

with gaseous carbon dioxide, there will 

be three phases, and one degree of free- 

dom. If the temperature is chosen, pres- 

sure will be fixed, and the pressure of 

carbon dioxide in an equilibrium mix- 

ture, sometimes known as the dissoci- 

ation pressure of calcium carbonate, rises 

with temperature in much the same way 

as the vapour pressure of a liquid, as 

shown in Fig. 173. The dissociation pres- 

700 900 sure is 101.325 kN m~? at a temperature 

—— TEMPERATURE /°C—» of about 900°C. At, or above, this 
temperature calcium carbonate dissoci- 
ates much more rapidly than at lower 

temperatures, on being heated in an open 

vessel. At 700°C, the dissociation pressure is 3.333 kN m7’, If carbon 

dioxide is added to a sample of calcium oxide at 700°C, no carbon dioxide 

will react and no calcium carbonate will be formed until the gas pressure 

reaches 3.333 KN m~?. 

DISSOCIATION PRESSURE / kN m-2 ——> 

Fic. 173. The dissociation pressure 
of calcium carbonate. 
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7. Salt hydrates. A saturated solution of copper(m) sulphate(v1) will be in 

equilibrium with water vapour, and the vapour pressure, at 50°C, is 

12 kN m~?. If water vapour is removed, by a vacuum pump, crystals of 

CuSO,°5H,0 will form and when all the water has been removed from the 

liquid phase the solid phase, consisting of these crystals, will itself be in 

equilibrium with water vapour. The vapour pressure, at this stage, at 50°C, 

will be about 6.27 KN m~?, Further loss of water will form lower hydrates, 

with correspondingly lower vapour pressures, as summarised in Fig. 174. 

Saturated 
_solution 

ee ee es ee CuSO,:5H,0 

CuSO,-3H,0 

VAPOUR PRESSURE / kN mt 

CuSO,-H,0 

0 I 3 5 

—— NUMBER OF MOLS OF WATER ——~— 
OF CRYSTALLISATION 

Fic. 174. The vapour pressure of various hydrates 
of copper(1) sulphate(v1) at 50°C. 

Thus, as water is pumped away from a saturated solution of copper(m) 
sulphate(v1) the vapour pressure will undergo a series of abrupt changes, 
the various vapour pressures recorded depending on the temperature. 
A saturated solution of copper(m) sulphate(v1) will consist of three 

phases—solid CuSO,°5H,0, liquid and water vapour, and two components 
copper(I) sulphate(v1) and water. Thus 

F=4-3 
giving one degree of freedom. At a fixed temperature, the vapour pressure 
will also be fixed, but the vapour pressure will increase with rising tempera- 
ture as shown in Fig. 175, line 4. 
CuSO,°5H;0 crystals will also lose water, at certain temperatures, to set 

up an equilibrium between CuSO,°5H,O crystals, CuSO,°3H,O crystals 
and water vapour. There will still be three phases, and one degree of free- 
dom, and the lowered vapour pressure of this system will vary with 
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temperature as shown in line 3 of Fig. 175. Similarly the vapour pressure 
curves of the systems CuSO,°3H,0-CuSO,°H,O-water vapour and 
CuSO,°H,O-CuSO,-water vapour are shown in lines 2 and 1 in Fig. 175. 

At points on each of the lines in Fig. 175 three phases coexist in equili- 
brium. Below curve 1, anhydrous copper(m) sulphate(v1) and water vapour 
coexist; the water vapour pressure is too low to form any monohydrate. 
Between curves 1 and 2, the monohydrate and water vapour coexist, and 
so on. 

@ @ 

VAPOUR PRESSURE / kN m ?——> 

——— TEMPERATURE / °C ———> 

Fic. 175. Pressure-temperature curves for various hydrates 
of copper(i1) sulphate(v1) 

.8. Deliquescence and efflorescence. Solid CuSO,°5H,O and solid 

CuSO,°3H,O can only exist together, in equilibrium with water vapour, 

at one pressure of water vapour if the temperature is fixed. If the actual 

water vapour pressure in the atmosphere is lower than this equilibrium 

water vapour pressure the pentahydrate will pass over into the trihydrate. 

In other words the pentahydrate will lose some of its water of crystallisa- 

tion to the atmosphere, i.e. it will effloresce. 
The pentahydrate will, therefore, effloresce, at 50°C, when the water 

vapour pressure in the atmosphere surrounding it is below 6.27 kN m7? 
If the external water vapour pressure is above 12 kN m~? at 50°C, the 

pentahydrate will absorb water vapour from the atmosphere, i.e. it will 

deliquesce. At 50°C, the pentahydrate is stable, and will neither effloresce 

nor deliquesce, in atmospheres with water vapour pressure between 6.27 

and 12 kN m~?. 
At 20°C, the vapour pressure of the pentahydrate is about 670 N m~? 

and that of a saturated solution of copper(m) sulphate(v1) is about 
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2.133 kN m~?. The pentahydrate will, therefore, be stable, at 20°C, in 
atmospheres with water vapour pressure between 670 and 2133 N m7~?. 

The average water vapour pressure in the atmosphere in this country at 

20°C is about 1.87 KN m~?, so that the pentahydrate will neither effloresce 

nor deliquesce under these normal conditions. In a more humid climate, 

however, the pentahydrate might deliquesce, and in a very dry climate it 
might effloresce. 

To summarise, ah will effloresce, and become coated with a lower 

by e 

the_hydrate. me 
coated with a layer of, or turn completely into, a saturated solution when 

her is hist ; 

pressure of the saturated solution concerned 

Both efflorescence and deliquescence depend, too, on temperature. 
Some examples are given below, at a temperature of 20°C and for an 
atmospheric water vapour pressure of 1.87 KN m~?. 

Equilibrium water Vapour pressure 
Substance vapour pressure of saturated 

of hydrate solution 

CuSO,°5H,0 670 N m~? 2.133 KN m~? Stable 

CaCl,°6H,O 335 Nm-? 1kNm~? Delinquescent 
Na.SO,°10H,0 2.17 kN m~? 2.213 KN m~? | Efflorescent 
Na,CO;3'10H,O 3.23 kN m~? 3.466 KN m=? | Effforescent 

QUESTIONS ON CHAPTER 47 

1, Explain the meanings of the terms phase and component. 
2. Apply the phase rule to a consideration of the solubility of oxygen in water. 
3. Apply the phase rule to show that a eutectic mixture of two solids A and B 

must be a mixture of two solid phases. 
4. Consider the distribution of iodine between water and benzene from the 

point of view of the phase rule. Neglect the vapour phase, but show that the con- 
centration of iodine in the aqueous layer is fixed, at a fixed temperature, if the 
concentration in the benzene layer is fixed. 

5. A pair of metals may separate out from the molten mixture (a) in the pure 
state, (b) as a definite compound, (c) as a solid solution. Show the form of the 
freezing point-composition diagrams in each case. 

6. The phase equilibria are shown on a pressure-temperature diagram for 
one-component systems, and on temperature-composition diagrams at constant 
pressure of pressure-composition diagrams at constant temperature for two- 
component systems. Give one example of each of these three types of diagram and 
explain its significance. 

7. How many degrees of freedom will there be in the following systems: (a) a 
single gas in equilibrium with a solution of the gas in a single liquid, (5) two 
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partially miscible liquids in the absense of vapour, (c) two partially miscible 
liquids in the presence of vapour, (d) a solution of one solid in one liquid in 
equilibrium with the solvent vapour ? 

8. What do you think is the main difference between the pressure-temperature 
diagram for ice and that for iodine? 

9. To what extent is it true to say that 900°C is the boiling point of calcium 
carbonate? 

10. Explain the meaning of dissociation pressure, using an example other than 
that of calcium carbonate to illustrate your answer. 

11. Explain, with examples, the meaning of sublimation. 
12. Write notes on (a) solid carbon dioxide, (b) hoar frost. 
13. Explain carefully the conditions under which a substance will (a) effloresce, 

(5) deliquesce. 
14. Explain why phosphorus(v) oxide and freshly heated quicklime are more 

complete drying agents than anhydrous calcium chloride. 
15. The vapour pressure of a saturated solution of ammonium nitrate(v) at 

10°C, 20°C and 30°C is 860, 1500 and 2533 N m~2 of mercury respectively. 
Explain carefully why powdered ammonium nitrate(v) sets into a mass on storage. 

16. The water vapour pressure above a salt hydrate depends only on tempera- 
ture, so that there is only one degree of freedom. How many components has 
the system, and how many phases? What would the phases consist of for (a) 
Glauber’s salt, (6) copper(i1) sulphate(v1)—S—water ? 

17. Magnesium sulphate(v1) forms six hydrates with 1, 2, 4, 5, 6 and 7 molecules 
of water of crystallisation. What will be the general shape of graph obtained by 
plotting vapour pressure against the number of molecules of water of crystallisa- 
tion? 



Chapter 48 

Free energy and entropy 

1. Introduction.* There are, broadly speaking, two points of view from 

«which chemical changes may be considered. The first is generally known as 

the kinetic-molecular approach, chemical processes being envisaged in 

terms of atoms and/or molecules and/or ions, which, at normal tempera- 

tures, are in constant random motion. 

Application of this method requires more and more detailed information 

about the structures of individual atoms, molecules and ions, and about 

the laws governing their motion and their interactions. The application of 

the kinetic-molecular approach .to chemistry depends heavily on the 

detailed development of the atomic, molecular, ionic and kinetic theories, 

and the limitations of the approach are inherent in the incomplete nature 

of the theories. 

The second approach is that of thermodynamics. This is based on certain 

broad generalisations derived from observations on matter in bulk and not 

necessarily associated in any way with atomic, molecular, ionic or kinetic 

theories. The relationships which can be traced between the thermo- 

dynamic behaviour of matter in bulk and the properties of individual atoms 

and molecules is studied in statistical mechanics or statistical thermo- 

dynamics. 

Thermodynamics, as its name implies, is concerned with a simultaneous 

study of the heat and other energy changes which a system can undergo. In 

ordinary mechanics, problems are usually simplified by neglecting any heat 

changes. Initially, thermodynamics was applied to steam engines and other 

heat engines, in an attempt to solve the problem of how to get the maxi- 

mum useful work out of a given amount of heat. There are still very many 

engineering applications of thermodynamics, but its application to 

chemical problems was developed in the second half of the nineteenth 

century, mainly by J. Willard Gibbs (1983-1903). 

In its chemical applications, thermodynamics depends on an under- 

standing of the ideas of free energy and entropy, and on the relationship of 

these two quantities to the heat content or enthalpy (p. 297). 

By making use of these conceptions, thermodynamic arguments, as will 

be seen, can indicate whether a chemical change will, or will not, tend to take 

place under stated conditions. Thermodynamics cannot be used, however, 

to give accurate evidence about the rate at which any change might take 

place; that is the concern of chemical kinetics. 

2. The first law of thermodynamics. It is a generalisation from experience, 

supported, for instance, by the fact that no perpetual motion machine has 

ever been designed, that energy can neither be created nor destroyed, and 

this is the meaning of the first law of thermodynamics. It can be stated ina 
number of ways, as follows: 

* A student is advised to re-read Chapter 27 before reading this Chapter. 
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a. Energy cannot be created or destroyed. 

b. The total energy of an isolated system remains constant, though it may 

change from one form to another. An isolated system is one which can 

neither receive energy from nor give energy to anything outside the system. 

c. When energy of one form disappears an equivalent amount of energy 

appears in some other form. 

The first law of thermodynamics is really a law of conservation of energy. 

The possibility of converting matter into energy (p. 3) means that the law 

should really be stated as a law of conservation of mass plus energy. Most 

applications of thermodynamics, however, are to matter in bulk where any 

mass changes are neglected. 

3. Energy changes. It is sometimes convenient to say, arbitrarily, that a 

particular system has zero energy, but, more commonly, it is the difference 

in energy between one system and another, or between the same system 

under different conditions, that is of most significance. 

When a system is changed from a state, A, to a state, B, then 

Change inenergy in _ Energy of _ Energy of 

passing from Ato B state B state A 

AU Us U4 

U, is sometimes referred to as the internal or intrinsic energy of the system 

in state A, and it includes all forms of energy, except kinetic energy, as 

the system is assumed to be stationary. 

The internal energy of a system in a particular state is a constant. It is 

said to be a state, or thermodynamic, function of the system, just as mass, 

volume, pressure and temperature are. As the internal energy of a system 

depends on the quantity of material in the system it is also said to be an 

extensive property of the system. Properties, such as density, refractive 

index and vapour pressure, which do not depend on the quantity of matter 

considered are called intensive properties. 

The change in energy of a system in passing from state A to state B depends only 
on the final and initial states and not on the nature of the paths followed in 

the change from A to B. If this was not so, it would be possible to change A into B 

in one way, with a certain change in energy, and then change B back into A ina 
different way with a different change in energy. Thus, starting and finishing with 

A, it would be possible either to create or destroy energy and this would be 

contrary to the first law of thermodynamics. 

- Energy changes in systems are generally brought about by the evolution 

or absorption of heat and/or by work being done on or by the system. 

Work can be done by a system, for example, when it expands against 
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atmospheric pressure or when it produces electrical energy in a cell. For 

such changes, the first law of thermodynamics leads to the relationship 

Increase in internal _ Heat absorbed by _ Work done by 
energy the system the system 

(AU) (q) (w) 

In applying this general relationship it is very important to get the signs 

right. Heat absorbed is positive, whilst heat evolved is negative. Work done 

by the system is positive; work done on the system is negative. 

If a system absorbs 50 J of heat and does work equivalent to 100 J, the 

increase in internal energy will be equal to —50 J, ie. there will be a 

decrease in internal energy. If a system evolves 50 J of heat, and work of 

75 J is done on the system, the increase in internal energy will be 25 J. 

4. Changes at constant pressure and constant volume. No work is done by a” 

system in expansion, or on a system in contraction, if the change is brought 

about at constant volume. The increase in internal energy is, therefore, 

equal to the heat absorbed at constant volume, i.e. AU equals qy. 

If a process is carried out at constant pressure, as, for example, in a 
vessel open to the atmosphere, the volume may increase, i.e. work may be 
done on the surroundings, or the volume may decrease, i.e. work may 
be done on the system. For a volume increase of AV, at a constant pressure, 
the work done by the system is pAV, so that 

AU = q, — pAV or Jp = AU + pAV 

If the system changes from a state, 1, to a state, 2, then 

AU = U, — U;, and ee V2 = V; 

and dp = (U;, — U;) + p(V2 — Vi) 

or Gp = (U2 + pV2)— (U, + pV) 

The value of (U + pV) for a system is known as the heat content or 
enthalpy of the system; it is represented by the symbol, H, so that 

H=U+pV 

The heat content or enthalpy of a system, like the internal energy, is a 
property or function of state. 

The change in the heat content or enthalpy of any system is equal to the 
heat absorbed at constant pressure, and the change is related to the change 
in internal energy by the expression 

For reactions involving only solids and/or liquids, volume changes are 
never very large so that the values of AH and AU are always almost equal. 
For reactions involving gases, however, the volume change in the course of 
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the reaction, if carried out at constant pressure, might be large; if so, there 
would be significant differences between the values of AH and AU (p. 296). 

5. Reversible and irreversible changes. A clear distinction between reversible 
and irreversible changes must be made in thermodynamic considera- 
tions. From a thermodynamic point of view, an irreversible process is one 
in which a very slight alteration of conditions causes a spontaneous and 
complete change. Typical examples of such irreversible processes are the 
flow of water from a higher to a lower level, the flow of heat from a 
hotter to a colder body, the dissolving of a solute in a solvent, the diffusion 
of one gas into another or into a vacuum, and the reaction between am- 
monia and hydrogen chloride. These processes, once started, will continue 
until completed. They can be reversed, but only by doing work. 
By comparison, a reversible change is one which can be made to take 

place in either direction by a slight change of the conditions. In a reversible 
process, the forces acting in both directions are nicely balanced; a slight 
increase in one direction causes movement in that direction, whilst a slight 
decrease causes movement in the other direction. Systems undergoing 
reversible changes are never very far away from a position of stable 
equilibrium. They are never ‘out of control’, and can, if required, be moved 
in either direction at will. 

In the equilibrium mixture resulting from a chemical reaction 

A+ B= C+gq joule 

for instance, the system can be moved in either direction by addition of 
more A, B or C, or by changes in temperature and pressure. 

One of the simplest ways to carry out a reaction reversibly, if it is 
possible, is to carry it out in a cell so that it releases electrical energy and 
sets up an e.m.f. If this e.m.f. is measured by just balancing it against an 
external potential difference on a potentiometer wire, the conditions for 
reversibility are established. Slight increase in the external potential 
difference would make the cell reaction go one way; slight decrease, and 
the cell reaction would reverse. 

6. Carnot’s cycle. The partial conversion of heat energy into mechanical 

energy is brought about in a heat engine. In such an engine, e.g. a steam 

engirie, heat energy is withdrawn from a source at a high temperature and 

used to heat a working substance. The hot working substance is then made 

to do work by, for example, expansion. In doing this work it is cooled, and 

the cooled working substance is discarded at a lower temperature. 

Carnot, in 1824, made a fundamental contribution to thermodynamics 

by a theoretical consideration of an ideal heat engine in which all the 

changes could be carried out perfectly reversibly. Such a heat engine can- 

not, of course, be achieved in practice. 
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The detailed argument of Carnot is beyond the scope of this book, but 

the important conclusions he drew were as follows: 

_ a. The ratio of the heat which can be converted into work to the total initial 

intake of heat is dependent only on the two temperatures between which the 

engine works. It is independent of the working substance used. The 

ratio is 

Heat converted into work q.—4q1 ie ay 
Initial intake of heat d2 qs 

where q, is the amount of heat absorbed at 7, and q; the amount discarded 

at 7,. The temperatures are expressed in K. 

For an engine operating between, say, 120°C and 20°C, the maximum value for 
the ratio is 100/393 or 25.4 per cent. Between 220°C and 20°C, it is 40.6 per 
cent. Such figures, commonly referred to as efficiencies, are theoretical ones for 
perfectly reversible cycles of changes. Actual engines are never perfectly reversible 
and, therefore, have lower efficiencies. The lower temperature at which an engine 
works is, generally, the temperature of the atmosphere. That is why engineers 
strive for greater efficiency by aiming at higher temperature for the sources from 
which the heat is taken in. 

b. There is no more efficient cycle of changes than the perfectly reversible 
Carnot cycle. 

7. The second law of thermodynamics. The second law of thermodynamics 
is concerned with the conditions under which heat might be converted into 
work. Like the first law, it can be stated in a variety of ways, and the law is, 
again, a matter of experience. 

a. Heat cannot be converted into work unless some of the heat is transferred 
from a higher to a lower temperature. If heat could be converted into 
work without the necessity of a temperature difference, a ship could simply 
withdraw heat from the ocean and use the work it obtained from it for 
propulsion. No fuel would be necessary. As it is, the fuel is necessary to 
provide the temperature difference which, alone, enables the conversion, 
however partial, of heat into work. 

The matter can be viewed from a different aspect. The efficiency of an engine 
depends on the higher and the lower temperatures between which it works, as 
explained in the preceding section. If T, and T; are equal, the efficiency would be 
zero, i.e. no heat would be converted into work. - 

b. The conclusion of Carnot that his theoretical cycle was the one with 
maximum efficiency can be generalised into the statement that a perfectly 
reversible process is the most efficient of all processes and Produces the 
maximum amount of work for a given amount of heat. 



Free energy and entropy 539 

c. The maximum amount of work can never be obtained from an irrevers- 
ible process. The extra amount of energy which would be converted into 
work, if the process was reversible, is said to be dissipated, and every 
irreversible process leads to some dissipation of energy of this sort. 
No energy is lost (that would be contrary to the first law of thermo- 
dynamics), but it appears as heat and not as work. 

The energy available from a waterfall, for example, goes, partially, into 
raising the temperature of the water and cannot, under any circumstances, 
be converted completely into useful work. Similarly, the energy available 
from a definite amount of petrol is turned completely into heat if the petrol 
is burnt, in an irreversible process, in an open container. If the same 
amount of petrol was burnt in the cylinder of a motor car, some useful 
work would be obtained. If the process taking place in the cylinder of a 
motor car could be regarded as reversible (which it is not) then the useful 
work would be a maximum. 

d. As most natural processes are invariably irreversible, the second law 
of thermodynamics can be summarised in the statement that there is a 
tendency in nature for energy to be dissipated in the form of heat. 

8. Free energy. The maximum work which can be obtained from any 
change will be obtained when the change is brought about reversibly. 

The maximum work obtainable from a chemical change brought about 
reversibly, at a fixed temperature, will, like the internal energy (p. 535), 
depend only on the initial (1) and final (2) states of the system. Thus 

Maximum work = A, — A, = AA 

where A, and A, are extensive properties of state known as the maximum 
work function, the work function, or the Helmholtz free energy. In any 
natural change, taking place irreversibly, the work done is less than AA. 

The term maximum work will always include a term due to work done in 

expansion for any change in which there is an increase in volume. But if 

the change is carried out at constant pressure and constant temperature, 

this work done will be constant. The maximum work, less this constant 

work done in expansion, is known as the net work, i.e. 

Net work = Maximum work — Work done in expansion 

Like maximum work, the net work is an extensive property of state, 

symbolised by G and known as the Gibbs free energy. Thus, for a reversible 
change, at constant temperature and pressure, 

Net work = G, — G, = AG 

For any irreversible change, the net work is always less than AG. 

In dealing with solids and liquids, the numerical difference between 
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Helmholtz and Gibbs free energy is small, but this is not so for gases. 

Gibbs free energy is the more useful quantity in dealing with most chemical 

problems for most chemical changes are studied at constant temperatures 

(in a thermostat) and at constant (atmospheric) pressure. 

The free energy per mole, or the molar free energy, of a pure substance is called 
the chemical potential of the substance. It is dependent on the phase in which the 
substance exists, the temperature and the pressure. 

9. Free energy changes in chemical-reactions. What is it that enables some 
chemical reactions to take place, when others will not take place? Thom- 

sen, in 1854, and Berthelot, a little later, noticed that many reactions which 

took place readily were exothermic, i.e. evolved heat, and they regarded 

the evolution of heat as the probable driving force behind a chemical 

reaction. Such ideas are now untenable, for it is well known that many 

endothermic reactions can take place spontaneously, and reversible re- 

actions can take place with an evolution of heat in one direction and an 

absorption of heat in the other. 

The driving force of a chemical change is now related to its ability to do 

work, not to its ability to evolve heat. If heat could be completely converted 

into work the two criteria would be the same, but that is not so. 

In accordance with the principle, outlined in the second law of thermo-. 

dynamics, that there is a natural tendency for energy to be dissipated 

(p. 539), a reaction will only take place of its own accord if it can perform 

work, for by doing this work some of its available energy becomes less 
available as it is discarded as heat. 

For reactions carried out at constant temperature and constant pressure, 

i.e. for reactions in open vessels contained in a thermostat, the free energy 
change in the reaction, 

AG = Gproducts area Gareactants 

provides a measure of the net work associated with the reaction. 
Knowledge of AG values for a reaction are clearly important, and there 

are three significant possibilities, for AG may be zero, negative or positive. 

a. AG is zero. If the free energy of the products and reactants are equal no 
net work is obtainable. The system is in a state of equilibrium. 

b. AG is negative. If the free energy of the products is less than that of 
the reactants, there will be a decrease in free energy as the reaction takes 
place. The reaction can do net work and it will take place of its own 
accord, but, whilst a negative value of AG indicates favourable thermo- 
dynamic conditions for a change to take place, the rate of the change may 
be so slow that it never really will take place of its own accord (p. 546). 
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c. AG is positive. If the free energy of the products is greater than that of 
the reactants the reaction will not take place, unless something is done, 
e.g. the temperature raised, to make AG negative. 

10. Entropy. Entropy is an extensive property of a substance, measured 
generally in J K~! mol-, but it is not easy to grasp the full nature of 
entropy in terms of any pictorial idea. As will be seen, however, the con- 
ception of entropy is very important for it is the connecting link between 
the free energy change for a reaction and the heat of the reaction. 

a. Entropy and disorderliness. The simplest pictorial idea of entropy is 
related to order and disorder. The entropy of a substance is, in fact, a_ 
measure of the randomness of the substance; what Gibbs once called 
mixed-up-ness. 

The entropy of a pure crystalline substance at absolute zero temperature, 
for example, is zero. This is because there is no randomness in a pure 
crystal at absolute zero. The crystal is a perfectly orderly array both 
geometrically and energetically. As the temperature is increased, the dis- 
orderliness increases, eventually through the stage of a liquid to that of a 
vapour, and the entropy increases accordingly. 

Other changes in which increase in entropy are clearly related to an 
‘increase in disorderliness include the solution of a crystalline solid in a 
solvent, a reaction in which a few molecules are converted into a larger 
number, and the mixing of two gases. 

b. Measure of entropy change. Clerk Maxwell defined the entropy of a 
substance as ‘a measurable quantity, such that when there is no com- 
munication of heat this quantity remains constant, but when heat enters or 
leaves the substance the quantity increases or decreases respectively’. 

For a reversible change, brought about at a fixed temperature, the change 
in entropy is equal to the heat absorbed or evolved divided by the tempera-_ 
ture, i.e. AS = g/T. 

If heat is absorbed, then AS is positive and there is an increase in en- 
tropy. If heat is evolved, AS is negative and there is a decease in entropy. 

The simplest examples of reversible, isothermal changes are those of 
melting or vaporisation. The specific latent heat of fusion of ice is 334.7 
J g~* or 6.025 kJ mol~'. The change from ice to water takes place at 
273 K, so that the increase in entropy is 6025/273, i.e. 22.07 J K~! mol-!. 

11. Relationship between free energy and entropy. An absorption of heat, q, 
at a temperature, 7, causes an increase in entropy of AS, equal to g/T. Thus 

Test | Rigliaar on 
As (p. 536) 1 ew Tee 

AH = AU + pAV,,,..and AU =q— Work done 
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it follows that 
AH = gq — (Work done — pAV) 

The work done, less pAV, will be equal to the decrease in free energy 

(p. 540), i.e. to —AG, so that 

AH=q—AG or AH=TAS+AG or AG=AH-— TAS 
WW Rabi % 

12. AGE AH — TAS. In this important relationship, AG can be regarded 

as the energy which is free to do work, AH as the total energy available 
as heat plus work, and TAS as the energy unavailable as work. TAS, in 
other words, measures the energy which is dissipated as heat. 

The expression shows that the free energy change is made up of two _ 
factors, one an energy function (AH) and the other an entropy function 

(TAS). As it is the value of AG which is the driving force behind a chemical 

change, there must be two directive influences which determine whether 
a change will take place, one being related to energy and the other to 

entropy. A system will only change of its own accord if AG for the change 

is negative (p. 540). Such a negative value for AG can come about in the 

_following different ways. = 

eattopn the ae of Ac AG is is eral to that of AH. 

A smooth marble running to the bottom of a smooth hill, provides an 
example of this type of change. There is a lowering of potential energy, but 
no entropy change. The process takes place because the marble wants to 
achieve a minimum potential energy. The directive influence is solely con- 

cerned with the energy term. The marble would not move up the hill of its 
own accord because the AH value for such a change would be positive, 
giving a positive AG value for the change. “| 2) 

At absolute zero, TAS must also be 2ei0> 8 so that AG must be equal to 

_AH. Under such theoretical conditions AG can only be negative when AH 
is negative, i.e. for exothermic reactions. The earlier ideas of Thomsen and 

Berthelot are, then, correct at absolute zero, or for any change in which 

the entropy remains constant. Si 

b. TAS is positive. AH = 0. If there is no overall energy change in any 
process it can only be an increase in entropy, i.e. a positive value for 
TAS, which dictates that the change shall take place. _ 
An example is provided by the mixing of two gases, without change in 

_volume. The mixing is a spontaneous, irreversible process, but there is no 
evolution or absorption of heat, ie. no energy change, in the idealised case. 
The mixing takes place, in fact, because there is an increase in entropy on _ 
‘mixing. This is because there is a greater state of randomness or disorder in 
the mixture of the gases than in the two separated gases. The. mixed state is is 

_ the more probable. 
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In Clausius’s words, ‘the energy of the universe is constant; the entropy 
tends always to a maximum’. 

c._Changes in both AH and TAS. The examples of the falling marble and 
the mixing of gases are extreme cases. In the one, energy, but not entropy, 
changes; in the other, entropy, but not energy, changes. In most changes 
there is a change in both energy and entropy. 

If AZZ is negative, i.e. for exothermic reactions, AG must also be negative 
unless TAS has a higher negative value. Exothermic reactions will, then, 
take place unless there is a high enough lowering of entropy, and it is 
unusual to find this. 

If AZ is positive, i.e. for endothermic reactions, AG can only be negative 
if TAS is positive, and larger than AH. Endothermic reactions are, there- 
fore, most likely to take place when the heat of reaction is low and when 
the increase in entropy is high. Sufficiently big increases in entropy are 
most likely in reactions in which solids or liquids are converted into gases, _ 
or in reactions giving an increased number of molecules, Large positive _ 
values for TAS are also encouraged at high temperatures. That is why 
many endothermic reactions will only take place at high temperatures. 

13. Illustrative examples. The application of these general principles to 
some typical changes will clarify the ideas. 

a. The water gas reaction. The heat of reaction at 25°C and 101 325 N m~2 
is AW = +131.4 kJ, 

C(graphite) + H,O(g) —> CO(g) + H,(g); AH = 131.4kJ 

a figure which can be calculated from standard heats of formation (p. 301). 
AG can only be negative if TAS is positive and greater than 131.4 kJ. 

There is an increase in entropy in the reaction, mainly because the 
products are gaseous and one of the reactants is a solid. At 25°C and 
101 325 N m~?, the increase in entropy amounts to 133.9 J per degree per 
mole of graphite. This gives a value for TAS of 298 x 133.9 i.e. 39.9 kJ. 
The corresponding value for AG will be +91.5 kJ. The reaction is, there- 
fore, not spontaneous at 25°C and 101 325 N m-?. 

At 727°C, however, AG will be equal to 131.4—133.9 and will have a 
negative value of — 2.5 kJ. The reaction will be spontaneous. This value of 
AG at 727°C is, however, only an estimate, for it is based on AH and AS 
values at 25°C whereas the actual values at 727°C will be slightly different. 
AH and AS values do not, however, vary very greatly with temperature for 
most reactions. 

b. Synthesis of methanol. The water gas reaction, which is endothermic, 
will take place at high temperatures but not at low ones. The synthesis of 
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methanol from:carbon monoxide and hydrogen, which is exothermic, will 

take place at low temperatures but not at higher ones. 

CO(g) + 2H2(g) —» CH3;0H(g); AH = —90.63 kJ 

The AH value for the reaction at 25°C and 101 325 N m~? is —90.63 kJ. 

The AS value, under the same conditions, is —221.5 J per degree, giving 

a TAS value of — 66 kJ. The corresponding AG value will be — 24.63 kJ, so 

that the reaction will take place at 25°C, though only very slowly. 

At 727°C, however, taking the same AH and AS figures, TAS is equal 

to —221.5 kJ, so that AG is equal to 221.5 — 90.63, ie. +130.87 kJ. As 

AG is positive the reaction will not take place at this high temperature. It 

is the reverse reaction which becomes possible. 

c. Rhombic and monoclinic sulphur. At room temperature, the free energy of 
monoclinic sulphur is greater than that of rhombic sulphur. Change from mono- 
clinic sulphur to rhombic sulphur will, therefore, give a negative value for AG. 
That is why rhombic sulphur is the stable form at room temperature. 

As the temperature is increased, the free energies of both allotropes decrease, 
but they decrease at different rates. The free energy of monoclinic sulphur, which 
has the higher entropy, decreases more rapidly than that of rhombic sulphur. At 
the transition point, 95.5°C (p. 219), the free energies of the two allotropes become 
equal. That is why the two allotropes can coexist in equilibrium at this temperature. 

At temperatures above 95.5°C, the free energy of rhombic sulphur becomes 
greater than that of monoclinic sulphur, so that the monoclinic sulphur becomes 
the stabler form. 

The entropy difference for rhombic and monoclinic sulphur at the transition 
point is 0.96 joule per degree per mole. The TAS term has, therefore, a value of 
0.96 X 368.5, i.e. 353.8 J. The value of AH, at the transition point, must, there- 
fore, be +353.8 J to give AG a value of zero. 

d. Energy changes in dissolving ionic solids. The solution of an ionic solid 
in a solvent involves the breakdown of the crystal structure and the forma- 
tion of free ions. This is facilitated by polar solvents, such as water, since 
they have high dielectric constants so that they lower the intetionic a 
in the crystal. ‘ 

The energy necessary to form free ions from a solid crystal is the crystal 
or lattice energy (p. 173). For sodium chloride this is 777.8 kJ mol7}, i.e. 

NaCl(s) —> Nat + Cl-; AH = 777.8 kJ mol=! 

If, therefore, 1 mol of sodium chloride was dissolved in 1 dm? of water and 
all the energy to break down the crystal came from the water there would 
be a fall in temperature of 180°C. This is, of course, very much greater than 
the measured cooling effect, and the release of energy which accounts for 
this is the hydration or solvation energy of the ions, The hydration energy 
for sodium chloride is —774.1 kJ mol-', i.e. ; 

H20 + Na*+ + Cl- —> Nat(aq) + Cl-(aq); AH = —774.1 kJ mol-? 
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whieret Avr y then ; ich gives a ‘heat of solution for sodium chloride of (777.8 — 774.1) or 
a kJ mol}, ice. 

H,0 + NaCl(s) —> Na*(aq) + Cl-(aq); AH = 3.7 kJ mol7! 

The entropy change on dissolving sodium chloride at 25°C gives a 
TAS value of 12.84 kJ mol~! so that the free energy change is given by 

PIS > AG = AH — TAS = 3.7 — 12.84 = —9.14 kJ mol“! © ~~ 

energy, the hydration energy and the entropy change. 
For an insoluble solid such as silver chloride, the free energy change is 

positive. The lattice energy of silver chloride is 857.7 kJ mol~, and the 

hydration energy is —790.8 kJ mol~'. This gives a heat of solution of AH 

= 66.9 kJ mol~’. The entropy change at 25°C gives a TAS value of 9.85 

giving a free energy change of +57.05 kJ mol7'. 

14. Electrical measurement of free energy and entropy changes. When a 

chemical reaction can be made to take place in a cell, the electrical energy 

liberated can be easily measured. Moreover, if the cell reaction is carried 

out reversibly, and at a fixed temperature and pressure, the electrical 

energy is equal to the free energy change in the reaction. If the e.m.f. of the 

cell is measured using a potentiometer, the e.m.f. is just balanced against an 

external potential difference enabling the ‘cell reaction to take place 
reversibly. 

The electrical energy produced by a cell is equal to the amount of current 

multiplied by the e.m.f. of the cell. For 1 equivalent of chemical action, the 

quantity of electricity will be 96487 coulomb. The electrical energy pro- 
duced per equivalent will therefore be given by 

Electrical energy per equivalent = 96487E joule 

Measurement of E enables values for free energy changes to be obtained, as 

in the following examples. The method is limited, however, to those 

changes which can be brought about reversibly in a cell. 

a. Formation of water from its elements. The reaction between gaseous 

hydrogen and gaseous oxygen to form liquid water, 

H,(g) + 40.(g) —> H,0()); AH = —285.9 kJ 

can be carried out by burning hydrogen in oxygen, when all the energy 

liberated will be produced as heat. There will, in fact, be an evolution of 

285.9 kJ of heat. 

If the reaction is carried out in a cell consisting of a hydrogen electrode 

and an oxygen electrode, the maximum e.m.f. is found to be 1.227 volt, so 

Z\H 

OK ay 2 

s for the 
solubility of sodium chloride, and the value is dependent on the lattice/\! ahh er 
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that the electrical energy available from the reaction is 96487 x 1.227 x 

2, i.e. 236.8 kJ. The 2 is present because two equivalents of water are being 

formed. 

It will be seen that the reaction can produce more heat (285.9 kJ) than 

work (236.8 kJ), and this is a good numerical illustration of the fact 

(p. 539) that not all the heat available from a reaction can necessarily be 

made available as useful work. As the work done by the reaction in the 

cell is the maximum work available because the reaction is being carried 

out reversibly, it is equal to the free energy change for the reaction, 

H,(g) + 40g) > H,0(); AG = —236.8 kJ 

The figures given are for a temperature of 25°C, and the large negative 

value of AG suggests that hydrogen and oxygen ought to react readily at 

this temperature. It is well known, however, that the two gases can be in 

contact for years at this temperature without reaction. Although the 

thermodynamic conditions are favourable, the rate of reaction at 25°C, 

without a catalyst, is unfavourable. Addition of a little platinum catalyst, 

or the passing of an electric spark, makes the kinetic conditions favourable, 

so that the reaction takes place, perhaps explosively. 

Using the relationship, 

AG = AH — TAS 

it follows that the entropy change in the formation of one mole of liquid 
water from its elements is given by 

AS = 7809 + 2368 = — 164.7 joule per degree 

b. The Daniell cell. The chemical reaction taking place in a Daniell cell is 
represented by the equation, 

Zn(s) + Cu?*(aq) —» Zn?+(aq) + Cu(s); AH = —209.8 kJ 

If M solutions are used and the reaction is carried out ina calorimeter, the 
heat evolved is found to be 209.8 kJ. If the reaction is carried out ina cell, 
at a fixed temperature of 25°C, the maximum e.m.f., given by the difference 
in the two standard electrode potentials involved (p. 428), is 1.10 volt. 

The electrical energy liberated by the reaction is, therefore, 96487 x 
1.1 X 2, ie, 212.25 kJ, and this is equal to the free energy of the reaction, 

Zn(s) + Cu?+(aq) —» Zn?*(aq) + Cu(s); AG = —212.25 kJ 

The AH and AG values are very nearly equal, which means that there is 
very little entropy change in the course of this reaction, but that is simply 
a coincidence. In other similar cell reactions, AG may be greater or smaller 
than AH (p. 548). 
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15. Standard free energies of formation. It is particularly useful that it is 
possible to draw up, from experimental measurements, tables of standard 
values of free energies for different substances which can be treated alge- 
braically for any reaction in the same way as standard heats of formation 
(p. 300) can. 

The standard free energy of formation of a compound is defined as the 
free energy change when 1 mol of the compound is formed from its elements 
under standard conditions. The choice of these conditions is quite arbitary, 
but 25°C and 101.325 kN m-? are generally used. The symbol AG}9s° is 
used to indicate standard free energy of formation at 25°C. 

It is not possible in a book of this scope to go fully into the methods of 
measuring such standard free energies of formation, but the use to which 
they can be put will be illustrated, and one method of measurement has 
been described on p. 546. Some typical values are quoted below: 

H20(g) — 228.6 NO(g) 86.70 
H,0()) — 236.8 NO,(g) 51.84 
CO(g) a Lee C,H,2(g) 209.2 
CO,(g) — 394.5 C,H,(g) 68.11 
NH:(g) — 16.63 C2H,(g) — 32.89 

The values are given in kJ mol~!. By convention, the free energies of 
elements at 25°C and 101.325 kN m7? are taken as zero. 

The application of these standard free energy values to find the free 

energy change in a reaction is illustrated in the hydrogenation of ethyne to 
ethene, 

C,H,2(g) + H2(g) —> C,H, (g) 

The standard free energy of ethyne is 209.2 kJ mol~1, that of hydrogen is 0, 

and that of ethene is 68.11 kJ mol~'. The free energy change in the reaction 

will, therefore, be — 141.09 kJ at 25°C and 101.325 kN m~?. 

Relationships showing how free energy changes with temperture and/or 

pressure are available so that the free energy change at other temperatures 

and pressures can be calculated (p. 548). 

16. Standard entropies. It is also possible, though the methods are beyond 

the scope of this book, to obtain values for the standard entropies of 

elements and compounds, some values, in J k~! mol! being quoted below: 

0,(g) 205.6 Cu 33.3 CO(g) 213.7 
H,(g) 130.4 CuO 43.5 NH;(g) 192.6 
N,(g) 191.4 H,O(g) ‘188.7 C,H(g) 209.2 
Graphite 5.69 H,0() 69.97 C,H.(g) 219.5 
Diamond _2..43 CO(g) 197.9 C.H(g) 229.8 

The symbol S° is used for a standard entropy, and AS® for an entropy 

change under standard conditions. Like standard free energies of forma- 
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tion, these standard entropy values can be treated algebraically for any 

reaction. 

In the synthesis of liquid water, for example, 

H(g) , 40.(g) H,O(1) 
130.4 + 102.8 ~~ 69.97 

the standard entropies of the reagents and products are as shown, giving 

an entropy change of 69.97 — (130.4 + 102.8), ie. —163.23 JJ k~! mol-' 

This value for the entropy change is in good agreement with that calculated 

for the reaction from heats of reattion and free energy values (p. 546). 

Combination of standard entropies and standard free energies of forma- 
tion enable heats of reactions to be calculated 

In the synthesis of ammonia from nitrogen and hydrogen, for example, 

2N,(g) + $H.(g) —> NH;(g) 
the sum of the standard entropies of the reactants is $(191.4) + 3(130.4) 
i.e. 291.3, whilst the entropy of the product is 192.5. The entropy chan ge for 
the reaction is, therefore, 192.5 — 291.3, ie. —98.8 J K-! mol-! of 
ammonia at 25°C and 101.325 kN m=~?. 

The free energy change in this reaction, equal to the standard free energy 
of formation of ammonia, will be —16.63 kJ. The corresponding AH° 
value for the reaction, calculated from the relationship 

AG° = AH° — TAS° 

will be — 16630 — (298 x 98.8), i.e. —46070 J, which is in good agreement 
with the experimental value of —46185 J (p. 325). 

17. Change of free energy with temperature. The change in free energy in 
any process is dependent on the temperature, the relationship being given 
by the Gibbs-Helmholtz equation, which must be stated here without 
derivation: 

AG=AH+Tx 9G 4, dAG)_AG— AH 
dT dT a 

This equation, which holds at constant pressure enables AH values to be 
calculated if AG and d(AG)/dT are known. 

Whether or not AG is bigger or smaller than AH depends on the sign of d(AG)/dT, 
i.e. on whether AG increases or decreases with temperature. For a reaction carried 
out reversibly in a cell, this means that (AG — AH) will be positive if the tem- 
perature coefficient of e.m.f., i.e. dE/d7, is positive, and negative if dE/dT is 
negative. It is because the temperature coefficient of a Daniell cell is almost 
zero that the AG and AZ values are almost equal (p. 546). 

The actual free energy of a single substance always decreases with temperature, 
and the rate of decrease is equal to the entropy, 

dG _ 77 —S 
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It is not possible, here, to derive the relationship, but it provides a useful alterna- 
tive way of looking at the meaning of entropy. 

The total energy of a single substance increases with temperature, and the 
rate of increase, in this case, is equal to the heat capacity of the substance. 

dH 

ar & 

18. Free energy and equilibrium constants. As AG for a reaction is zero at 
equilibrium, it is not surprising that there is a relationship between AG and 
the equilibrium constant for the reaction. 

In its simplest form, which has only limited application to ideal gas 
reactions, the relation is 

AG;,® => —RT In Ky 

where AG; is the standard free energy change at 101.325 kN m~! and tem- 
perature, 7, and K, is the equilibrium constant expressed in terms of pres- 
sure. This is a simple form of what is known as the van’t Hoff isotherm. 

It enables equilibrium constants to be calculated from AG® values, and 
this is a particularly important possibility for it means that equilibrium 
constants, which are often difficult to measure directly, can be calculated 
from purely thermodynamical data. When equilibrium constants can be 
measured, the relationship also enables free energy changes to be cal- 
culated. 

For the reaction in which methanol is formed from carbon monoxide 
and hydrogen (p. 544), 

CO(g) + 2H2(g) —» CH;0H(g) 

the free energy change is — 24.63 kJ at 25°C. As this is equal to — RT In K,, 
it follows that In K, is given by 

24630 __ ygiagiee 
8314 x 298 994 =r login Kp = 3353 = 4.316 

The value of K, for this reaction at 25°C is 2.07 x 10*. The high value 
shows how far the reaction can proceed from left to right. 

In Kp, = 

19. Change of equilibrium constant with temperature. The combination of 

the Gibbs—Helmholtz equation and the van’t Hoff isotherm provides an 

expression, known as the van’t Hoff isochore,which shows how the 

equilibrium constant of a reaction is dependent on the temperature (p. 322). 
The van’t Hoff isotherm, 

AGy? = —RTIn K, 
gives, on differentiation, 

d(AGz°) _ _ pmd(in K,) 
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and substitution of this value for d(AG,;*)/dT into the Gibbs—Helmholtz 

equation gives 

d(iin K,)_ _AH® 
af: 6 Re 

This shows that the K, values for a reaction measured at different 
temperatures are related to the standard heat of reaction. Thus, if AH® for 

a reaction is known, K, values at 25°C, calculated from free energy 

changes as in 18, can be converted into K, values at other temperatures. 

In the simplest use of this relationship it is assumed that AH® does not 
vary with temperature. If so, then, the values of K, at two temperatures 7; 

and 7, are related by the expression, 

AH® ie e = 
R itp Fy 

For the reaction in which methanol is synthesised, K, at 25°C is 2.07 x 

10%, as in (18). The value of K, at 300°C will be given by 

ua 90630 { aide Soiie \ 
In Kp, srs = In Kp, 298 + 9374 1573 — 298 

= 9.94 — 17.56 = —7.62 

Therefore, log K,, 573 = 53 = —3.309 = 4.691 

In K,, T2 — In K,, n= 

giving a value of K, at 300°C of 4.909 x 10-*. The low value shows that 
the reaction is not possible. 

The assumption that AH® does not change with temperature is only 
approximate. If the variation of AH® with temperature (p. 549) is taken 
into account more complicated equations have to be used. 

QUESTIONS ON CHAPTER 48 

1. Account for the following: (a) the entropy of diamond is smaller than that 
of graphite, (6) the entropy of a polyatomic molecule is greater than that of a 
monatomic molecule, (c) the entropy of steam is greater than that of water at 
100°C. 

2. The AH value for the reaction, 

C(graphite) + 40, —> CO 

is —110.6 kJ at 25°C and 101.325 kN m~?. The standard entropies of graphite, 
oxygen and carbon monoxide are given in the table on p. 547. What is the free 
energy change for the reaction? 

3. Using the free energy values given on p. 547, calculate the free energy 
changes in the following reaction: 

a NO,(g)—» NO(g) + 40,(g) b CO(g) + 40.(g) —> CO,(g) 
e C,H,(g) + H.(g) —> C,H.(g) 

4. Calculate the equilibrium constant at 25°C and 101.325 kN m7? for the 
change from butane to 2-methylpropane given that the standard free energies 
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of formation of butane and 2-methylpropane are —15.7 and —17.98 kJ mol-! 
respectively. What will be the partial pressure of butane in the equilibrium mix- 
ture at 101.325 kN m-?? 

5. The maximum e.m.f. of a Daniell cell in which the reaction, 

Zn(s) + Cu?* (aq) —» Zn?*(aq) + Cu(s); AW = —210kJ 

takes place is 1.107 volt. Calculate the entropy change. All values are given at 
Zee: 

6. Explain what is meant by the terms (a) internal energy, (b) free energy, 
(c) unavailable energy, (d) maximum work, (e) net work. 

7. Taking the specific latent heat of evaporation of water as 2259 J g-}, 
calculate the entropy change at 100°C for the change from water to steam. 

8. The evaporation of water and the solution of ammonium chloride in water 
both take place spontaneously at room temperature. Both processes absorb heat. 
Why, then, do they take place? Under what conditions can they be reversed? 

9. Explain why it is that most reactions which take place readily at room 
temperatures are exothermic, whilst endothermic reactions are favoured at 
temperatures of about 3000°C. 

10. Explain why the denser form of an element which exhibits allotropy is 
expected to have the smaller heat of combustion. 

11. ‘In the processes of melting, evaporation and dissolution the large gain in 
entropy on the formation of the more disordered state offsets the positive sign 
of AH.’ What does this mean? 

12. To what extent are the tables of electrode potentials also tables of free 
energy values? 

13. The chemical reaction taking place in the Clark cell may be represented 
by the equation, 

Zn + Hg,SO, = ZnSO, + 2Hg 

The maximum e.m.f. for the cell is 1.4324 volt, and the temperature coefficient 
of e.m.f. is —119 mV K~-*. Calculate the value of AH for the reaction at 25°C. 

14. Taking the standard electrode potential of zinc as —0.761 volt, calculate 
the free energy change in the reaction of zinc with hydrochloric acid. Would you 
expect the heat of the reaction to be bigger or smaller than the free energy change? 

15. The standard heats of formation and the standard free energies of forma- 
tion for some alkanes are given below, in kJ mol-!: 

Alkane CH, C,H. C3H, C4Hit0 C;Hy2 CeH14 
Heat of formation —74.9 — 84.7 —103.9 —124.77 —146.4 —167.2 
Free energy 

of formation —50.7 —32.9 —23.5 —15.7 —8.20 +0.21 

Comment on these figures. 
16. The standard heats of formation and the standard free energies of forma- 

tion for the hydrogen halides are given below, in kJ mol-?: 

Hydrogen halide HF HCl HBr HI 
Heat of formation —268.6 —92.3 —362.3 +25.94 
Free energy of formation —270.7 —95.5 —53.3 +1.3 

Comment on these figures. 



SI units 

1. The Systéme Internationale d’Unités (SI, for short) is rapidly being 

adopted internationally. It is based on six arbitrarily defined basic units, 

from which other units are derived. It is a coherent system because the 

product or quotient of any two unit quantities on the SI system is the unit 

of the resultant quantity. 

This contrasts with metric systems used in the past, for the older systems 

though using some basic units also used other additional units, e.g. the 

calorie and horse-power, which were arbitrarily defined on their own. The 

older systems were not coherent sq that tiresome conversion factors were 

constantly intruding. 

2. The six basic SI units are the metre, the kilogramme, the second, the 

ampere, the kelvin and the candela. The mole, though not yet fully adopted 

as a basic SI unit, is commonly used as such and will probably be adopted. 

A selected list of basic SI units and some derived units with special 
names is given below in alphabetical order of the unit name. Some 
associated older units are also given, for these older units will still be 
present in older literature and the use of some of them may well persist 
despite all recommendations to the contrary. 

Physical Name of | Symbol Other related units 
quantity SIunit | of unit 

El. current ampere A 
EI. charge coulomb | C 
Volume (see cubic m? 1 dm* = 1 litre (1 }) 
footnote, p. 13) metre 1 cm* = 1 millilitre (1 ml) 

Energy joule J 1 calorie = 4.184 J 

1 electron volt = 1.6021 x 10712J 
1 erg = 10-7J 
1 kilowatt hour = 3.6 x 10°J 

Temperature kelvin K re LK 
Mass kilo- kg 1 atomic mass unit = 

gramme 1.66043.x 10-27 kg 
Length metre m 1 angstrém (1 A) = 10-!°m 
Amount of 
substance mole mol 

Force newton N 1 dyne = 10-5 N 
Pressure newton N m~?| 1 atmosphere = 101 325 N m-? 

per 1 mm of Hg = 133.322 N m-? 
square 
metre 1 pascal (Pa) = 1 Nm-? 

El. resistance ohm Q 
Time second s 
El. potential volt Vv 
difference 
Power watt W 
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When the unit is named after a person its name is not given a capital 
initial letter, but the symbol for the unit is. 

3. Multiples and sub-multiples of SI units are formed by using the 
following prefixes: 

Multiplication Symbol Multiplication 
factor 

10%? 10-? 
1072 1052 
10° 10-° 
10 i 10; 
10? 1055 
10% i9-" 
107? 10-48 

Those most likely to be encountered are printed in bold type. Prefixes 
differing in step by 10° are recommended but the use of deci and, particu- 
larly, centi will probably remain common. 

4. Although it is permissible to quote numerical values in multiples and 
sub-multiples of SI units, e.g. in g or cm}, all data must be ‘fed into’ equa- 
tions in strict SI units and not in multiples or sub-multiples of SI units, 

5. The values, in SI units, of some important physical constants are 
summarised below in alphabetical order: 

Constant Value 

Avogadro constant 6.02252 x 1073 mol~! 
Charge on electron 1.60210 x 10-9C 
Faraday constant. 9.64870 x 10*C mol-} 
Ice point 273.15 K 
Mass of electron 9.1091 x 10-1 kg 
Mass of neutron 1.67482 x 10-27 kg 
Mass of proton 1.67252 x 10-2’ kg 
Molar gas constant 8.3143 J K—1 mol-! 
Molar volume at s.t.p. 2.24136 x 10-2 m3? mol-? 
Planck constant 6.6256 x 10-*Js 
Triple point of water 273.16 K 
Velocity of light 2.997925 x 10®ms- 



Revision questions 

1. Comment on the following statements: (a) Volatility is often said to be a 

criterion of covalency, but ammonium chloride volatilises and diamond does 
not. (b) Silicates of metals form the greater part of the earth’s crust, but metals 

are hardly ever extracted from silicates on an industrial scale. (c) Lead chloride 

is less soluble in normal hydrochloric acid than in water, but it is much more 

soluble in concentrated hydrochloric acid than in either. (d) It is difficult to 
convert rhombic sulphur directly into monoclinic sulphur, but a sample of 
monoclinic sulphur changes spontaneously in the cold into rhombic sulphur. 

(O. & C.) 
2. Explain the meaning of the terms italicised and thereby elucidate and 

illustrate the following statements: (a) Solid allotropes can be either monotropic 
or enantiotropic. (b) Osmotic pressure is the pressure necessary to prevent osmosis. 
(c) A catalyst cannot affect the equilibrium point of a reaction. 

3. Distinguish between the following terms, either giving examples to illustrate 
them or stating the units in which the quantities concerned could be measured: 
(a) degree of dissociation and dissociation constant; (b) solubility and solubility 
product; (c) osmosis and dialysis; (d) conductivity and molar conductivity; 
(e) drying and dehydration; (f) isomer and isotope. (O. & C.) 

4. Explain clearly, with examples, the meaning of the terms diffusion, solubility 
product, common ion, efflorescence. (Oxf. Prelims.) 

5. Explain the meaning of the following statements and describe how you 
would verify any one of them experimentally: (a) Oxalic acid is dibasic. (6) 
Formic acid is stronger than acetic. (c) Hydrogen fluoride is associated in the 
vapour phase. (Oxf. Prelims.) 

6. What is meant by the molecular weight of a substance? Discuss the factors 
which determine it. Explain how you would investigate experimentally the 
molecular weight of three of the following: (a) phosphorus trioxide; (6) hydrogen 
chloride; (c) ammonium chloride; (d) mercury; (e) benzoic acid. Mention any 
interesting conclusions to which your results might lead. 

7. Explain briefly the difference between: (a) an atom and its ion; (6) allo- 
tropes and isotopes; (c) group and period (in the periodic table); (¢) electrolysis 
and electrolytic dissociation; (e) negative catalyst and catalyst poison. (N.) 

8. Suggest explanations for the following facts: (a) Very small solid particles 
undergo erratic motion when suspended in gases or liquids, but large ones do 
not. (b) A wet substance dries more rapidly in a vacuum desiccator than in an 
ordinary one, even though the same drying agent be used. (c) A gas cools on 
expanding adiabatically. (d) A liquid cools when it evaporates freely. 

9, Explain why sodium chloride: (a) dissolves in water; (6) lowers the freezing 
point of water; (c) is less soluble in solutions of hydrochloric acid than in water; 
(d) coagulates a colloidal solution of iron(m) hydroxide. 

10. Explain concisely the difference between three of the following: (a) a weak 
and a strong electrolyte; (6) electrovalency and covalency; (c) cooling by adiabatic 
expansion and the Joule-Thomson effect; (d) dissociation and thermal decom- 
position; (e) monotropy and enantiotropy. (O. & C. S.) 

11. Comment on, illustrate, or explain the following statements: (a2) Hydrogen 
chloride does not obey Henry’s law. (5) Metals can displace hydrogen from 
sodium hydroxide. (c) A strong electrolyte does not obey Ostwald’s dilution law. 
(d) Some allotropes differ in chemical properties, others in physical properties 
only. (O. & C.) 

12. Comment on, illustrate, or explain four of the following statements: 
(a) A catalyst does not alter the point of equilibrium in a reversible reaction. 
(6b) Combustion is not necessarily accompanied by flame. (c) A colloidal particle 
carries an electric charge. (d¢) Amorphous carbon absorbs gases easily, but diamond 
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os not. (e) The end-point of an acid-alkali titration is not always at neutrality. 
. & C.) 
13. Define: (a) atomic number; (6) Avogadro constant; (c) the gas constant, 

R; (d) Faraday constant. How could the value of one of these be obtained? 
(Oxf. Schol.) 

14. Explain fully what you understand by three of the following: (a) a negative 
catalyst; (b) the heat of formation of a metallic oxide; (c) the vapour pressure of 
a liquid; (d) the valency of nitrogen in ammonium chloride. (O. & C.) 

15. Write down the expression for the equilibrium constant of the reaction 

N, + 3H, == 2NH; + 55.23 kJ 

(a) If a is the fraction of ammonia present by volume in an equilibrium niixture 
made from one volume of nitrogen and three volumes of hydrogen, and P is 
the total pressure show that 

al — a? =kP 

where k is a constant. (It will be found convenient to express concentrations in 
partial pressures.) 

If 0.25 of the equilibrium mixture at 400°C and 100 atmospheres pressure is 
ammonia, calculate what fraction of the mixture will be ammonia at 10 at- 
mospheres at that temperature. 

(6) The equilibrium constant varies with temperature according to the equation 

log Ki — log Ks = 3503 (7; — 75) 
where K: and K; are the constants at T, and T, respectively. 

In the light of this equation and your results in (a) explain very briefly the 
conditions used in the manufacture of ammonia. Why is it necessary to use a 
catalyst? (O. & C. S.) 

16. One important industrial method for the production of hydrogen makes 
use of the reversible reaction 

H,0 + CO == H, + CO, + 40.58 kJ 

the carbon dioxide then being removed by solution in water. 
What factors influence the choice of temperature and pressure at which both 

parts of the process are carried out? One of the practical difficulties in the first 
part is the selection of a suitable catalyst; why is a catalyst necessary and what 
are the criteria of a good industrial catalyst? (S.) 

17. A mixture of 1 volume of nitrogen and 3 volumes of hydrogen was heated 
until equilibrium was attained at pressure P and a given temperature 7. For 
simplicity consider the mixture resulting from 1 mol of nitrogen and 3 mol of 
hydrogen. Let the fraction of nitrogen and hydrogen converted to ammonia 
be a and the molar volume at P and T be v. 

(a) Express the total volume of the gas mixture at P and T in terms of a and v. 
(6) Find the equilibrium constant for the reaction 

N2 + 3H2 eee 2NH; 

at the temperature T and show that 

Lge a2 

a2—a)_c 

Gd-az y 

where c is a constant. 
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18. Ammonium sulphate can be made for use as a fertiliser by stirring a solu- 
tion of ammonium carbonate with finely-divided calcium sulphate. At equi- 
librium, the mixture is saturated with both calcium sulphate and calcium 
carbonate, with solubility products of 2.3 x 10-4 and 4.8 x 10~-° respectively. 
What is the approximate ratio of the concentration of ammonium sulphate to 
that of ammonium carbonate in the mixture? 

19. If a solution of sodium sulphate is stirred with excess barium carbonate 
until equilibrium is established, what percentage of it will be converted into 
sodium carbonate? The solubility products of barium carbonate and barium 
sulphate are 8.0 x 10-° and 1.1 x 107° respectively. 

20. Under what circumstances are measurements of the physical properties of 
solutions suitable for the determination of relative molecular masses? 

9.3 gramme of p-cresol in 1000 g of benzene depress the freezing point of 
benzene by 0.42°C. 200 g of p-cresol in the same mass of benzene depress the 
freezing point 5.0°C. Comment on these observations. (Oxf. Ent.) 

21. Discuss the effects of changes of temperature and pressure on the position 
of equilibrium in a gaseous system. How does the situation change if a hetero- 
geneous system is considered ? 

22. What do you understand by a ‘perfect gas’? Predict the experimental 
conditions required for a real gas to approach ‘perfect’ behaviour. (Oxf. Ent.) 

23. Explain carefully why it is that heat is evolved when many electrolytes 
dissolve in water although it would be expected that the work done in separating 
their ions would be revealed by the absorption of heat. , 

24. Write short notes on any four of the following: free energy, steam dis- 
tillation, constant boiling mixtures, critical solution temperatures, fractionating 
towers, eutectic mixtures. 

25. A solution of iodine in carbon tetrachloride gives, on boiling, a mixture of 
iodine vapour, which is purple, and carbon tetrachloride vapour, which is colour- 
less. The amount of iodine dissolved is shown by the colour of the solution. 
Design an apparatus using this solution which illustrates the functioning of a 
fractionating tower. 

26. Write short notes on the following: ionic product for water, solubility 
product, buffer solutions, hydrolysis of salts, radioactivity. 

27. The isotopic composition of magnesium is found to be *4Mg (77.4%), 
5Mg (11.0%) and **Mg (11.6%). Assuming the isotopic mass to be equal to the 
mass number, calculate the relative atomic mass of magnesium. 

In most cases the chemical atomic weight of an element is the same from 
whatever source it comes. What does this imply about the origin of the elements? 
In which element is there a variation in atomic weight, and why ? (D.) 

28. In what ways does radioactive disintegration differ from ordinary chemical 
reactions? Explain briefly what is meant by: (a) a radioactive series; (6) radio- 
active equilibrium; (c) half-life period. 

At each point marked by an asterisk a number has been omitted from the 
following nuclear equations which represent the net changes occurring in the 
ultimate disintegration of three radioactive elements P, Q and R. Complete the 
equations by inserting the appropriate numbers and assign P, Q and R to their 
correct main groups in the periodic table, briefly explaining how you deduce the 
necessary information. 

oP = sPb + 64He + 4 _% 
"HQ = Pb + 04He + * ee 
*R = *IPb + 4 $He + 2 _9%e 

Describe one simple application of a radioactive isotope to the solution of a 
chemical problem. (W.S.) 
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29. Derive the mathematical expression for Ostwald’s dilution law for an 
electrolyte, one molecule of which ionises to give n cations and m anions. 

30. Explain the following: (a) The pH of 0.1M hydrochloric acid is 1.0 but 
that of 0.1M acetic acid is 2.75. (b) The cations discharged when separate aqueous 
solutions of copper sulphate and sodium sulphate are electrolysed between 
platinum electrodes are copper and hydrogen respectively. (c) Pure water is 
acid to phenolphthalein but alkaline to methyl orange. (d) Strong electrolytes 
do not obey Ostwald’s dilution law. 

31. Give and explain a definition of an acid (a) making use of the conception 
of electrons, and (5) without the use of this concept. Are there any substances 
covered by one.of the definitions you give which would not be covered by the 
other? Which do you consider to be the better definition, and why? (O. & C. S.) 

32. Using the kinetic theory and the concept of reaction velocity, explain the 
following facts : (a) When nitrogen oxide is heated to 1 000°C it is almost completely 
decomposed into nitrogen and oxygen. (6) When oxygen and nitrogen are heated 
to 3000°C the mixture of gases is found to contain about 40 per cent of nitrogen 
oxide. (c) Hydrogen and oxygen combine to form water with the evolution of 
considerable heat, but the mixture of gases needs heating before combination 
takes place. (O. & C. S.) 

33. Describe, with a sketch or diagram of the apparatus, how you would 
measure two of the following: (a) the partition coefficient of iodine between 
potassium iodide solution and benzene; (6) the molar conductivity of a 0.001M 
solution of acetic acid; (c) the molecular weight of urea. (O. & C. S.) 

34. Describe clearly experiments you would carry out to demonstrate three 
of the following: (a) that hydrogen diffuses through a porous wall more rapidly 
than oxygen; (6) that the osmotic pressure of sugar increases with rise of tem- 
perature; (c) that the decomposition of hydrogen peroxide in solution is a first- 
order reaction; (d) that the constant-boiling mixture of hydrogen chloride and 
water is a mixture and not a compound; (e) that chrome alum and potash alum 
are isomorphous. (Oxf. Schol.) 

35. Suggest methods of investigating one of the following: (a) the rate of 
decomposition of ammonium nitrite solution at its boiling point; (6) the equi- 
librium between hydrogen, iodine and hydrogen iodide in the vapour phase; 
(c) the formula of the copper complex in solution of copper(1) sulphate con- 
taining excess ammonia. (Oxf. Schol.) 

36. Explain, with examples where possible, what you understand by five of the 
following: Avogadro constant, active mass, molar conductivity, electrode 
potential, buffer solution, normal salt. (O. & C.) 

37. How would you measure (a) the degree of dissociation of ethanoic acid in 
water, (5) the degree of association of ethanoic acid in benzene? 

38. Many fundamental chemical definitions have had to be modified in the 
last hundred years. Give some illustrative examples. 

39. Explain what is meant by the following statements: (a) The gas constant R 
is 8.314 J K~! mol@?. (6) The ionic product of water at 25°C is 1.0 x 107%. 
(c) The hydrolysis constant of sodium acetate is 5.5 x 10-1° at 25°C. 

Calculate: (i) the specific heat capacities of argon (atomic weight = 40); 
(ii) the dissociation constant of acetic acid at 25°C; (iii) the pH value of a deci- 
normal solution of sodium acetate. (W.) 

40. Explain the following: (a) the atomic weight of nickel (atomic number = 28) 
is less than that of cobalt (atomic number = 27); (b) the rate of simple reactions 
between gases increases with temperature much more rapidly than does the 
rate at which the molecules collide; (c) sulphur, when gently heated from room 
temperature, melts at 119°C, but when strongly heated melts at 113°C; (d) when 
hydrogen sulphide is passed into a solution of sodium arsenite a yellow precipitate 
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is obtained, but when passed into dilute aqueous arsenious oxide a faintly 
opalescent yellow solution results; (e) a Bunsen burner flame sometimes ‘lights 
back’ and burns at the bottom of the tube. (W.) 

41. Discuss critically the following statements: (a) ‘The heat of formation of 
water is 285 kJ.’ (6) ‘The properties of the elements are in periodic dependence 
on their atomic weights.’ (c) ‘The rate of a reaction and accordingly the yield of 
product increases with temperature.’ (d) ‘On electrolysing an aqueous solution 
containing several cations, the cation present in greatest concentration is pre- 
ferentially discharged.’ (W.) 

42. A mole can be defined as the amount of substance containing the same 
number of atoms as 12 gramme of pure !*C. Do you think this is a good definition, 
or not? Give your reasons. 

43. Give an account of either clathrates or layer lattice structures or graphitic 
compounds. 

44. Stas admitted, in 1887, that there must be something in Prout’s hypothesis. 
What was Prout’s hypothesis, and do you think there is anything in it? Give 
reasons. 

45. Compare and contrast the dissociation and association of methane, 
ammonia, water and hydrogen fluoride. 

46. Berzelius wrote, in 1819, that ‘it is evident that if analyses are made of all 
the salts formed by one acid, for instance by sulphuric acid, with all the bases, and 
of those formed by one base, for example baryta, with all the acids, one would 
have the necessary data to calculate the composition of all the salts formed by 
double decomposition, provided that they retained their neutrality.’ What, using 
modern terms, does this mean, and to what extent is it true? 

47. Suggest an experimental method for studying the dependence of the rate 
of the following reaction on the concentration of bromine in the presence of 
excess formic acid, 

Br, + HCOOH = 2Br~ + 2H* + CO, 

48. Explain the meaning of the following terms: supercooling, superheating, 
supersaturation, metastable state. 

49. Write an account of the work of any one famous chemist. 
50. Give examples in which (a) metals, (6) oxides, (c) enzymes, (d) gases, are 

used as catalysts. 
51. Do you prefer inorganic, organic or physical chemistry ? Give your reasons. 
52. ‘Ein Chemiker, der kein Physiker ist, ist gar nichts.’ ‘All the interesting 

scientific developments are now in the field of bio-chemistry.’ Comment on one 
of these sayings. 



Answers to questions 

Chapter 1 (p. 8) 
7. 63.48 x 10-' kg 
8. 2.326 x 10-° kg 
92293 XO 25 

10. 4 x 102° 

Chapter 2 (p. 15) - 
4. 12; 50 cm? 
5. 6.72 dm? 
6. 8.32 
7. 30.03 
8. 31.78 

12. 31.75 
13. 0.106 g 

Chapter 3 (p. 32) 
3. 89.3 per cent; 27 
4. 40 
5. 23.84; 40.16 per cent 
6. 27.03; M.2Cl, 

7. 200.6; 199.4 

Chapter 4 (p. 43) 
1. (@) 123.2 dm? 

(6) 116 dm? 
3. 1.168 
4. 903.6 cm? 
Te l@:22 

Chapter 5 (p. 52) 
9. C,H 

10. 12 
11. 16 

Chapter 6 (p. 63) 
. 200.5 
. 57.48 
Zh 

. MF; 238.2 

. CHCl; 

. 78.52 
. 0.27 

10. 24.64 cm?; 230.9 

Chapter 7 (p. 82) 

OMNINAhWHN 

6. 8:2 Xt107°32:°393.5 ms7 
9. 461 ms~ 

Chapter 9 (p. 94) 
8. 200 x 10° 
9. 176 x 10° 

Chapter 10 (p. 102) 
7. 620 x 1074 

14. 
15. 
16. 
WE 
19% 
Zr 
22. 

10. 
A 
18. 
19. 
2: 
23. 

12: 
13. 
14. 
24. 

aie 
12; 
13; 
ids 
19, 
20. 

21.6 per cent 
29.74 
113.2 
W275. 
35.35 
127.1 
107.9; 16.03 

Eq. = 4.489 
193.1 
51.80 
on 
137.38 
96 

. X2H¢ 
slo 

12° 
133 

65.86(N2); 15.2 (CO;); 20.26 (O,) 
25.8 per cent 

12 

665.9 x 10! 

104 cm? 
12.0102 x 10-3 kg 

35.24 per cent 
53.94 per cent 
70.65 per cent; 47.6 per cent 
2 per cent 
118.7 
62.55 per cent; K = 2.570; 

3.08 atm (312 x 10° N m~?) 
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Chapter 11 (p. 120) 
11 2QATS X<A10322.F 
12. 490 x 10-27 nm 

Chapter 12 (p. 132) 
1. 13.56 x 10-17; 36.38 x 10°; 0.9831 curie; 1.017 g 
2. (a) 7.66 X 10° s; (6) 169.8 x 10° 
3. 870 x 10-° g; 1.3 x 10° year 
6. 800 s-! 

10. 4.85 x 10-48 
22. 16.004.452 

Chapters 13 and 14 (p. 156) 
8. (i) 1.24; (ii) 6.20; 500 15. 1.0041 

10. 470 MeV 16. 11.01127 
11. 93.5 MeV 175.229) 10" 
12. 10'* g cm-3 18s 728: 7107 5 

19. 193 MeV 

Chapter 20 (p. 224) 
5. 74 per cent 

Chapter 21 (p. 235) 
1. 0.2813; 71.88 per cent 15. (a) 8.33 g; (6) 9.6875 g 
2. 25° 02 oS: 
4. 20.72 19. 0.19 

Chapter 22 (p. 242) 
2. 67.57 per cent 
3. 0.0338 
5.6 
6. 63.3 per cent N2; 34.9 per cent O.; 1.8 per cent A 

Chapter 23 (p. 254) 
3. 186.650 KN m~? 
4. (a) 2799 N m~?, 4533 N m~?; (6) 7333 Nm~?; (c) 38 per cent CH;0H 

by volume 
5. Mole fraction of A = 0.167 
6. 164.4 cm? 

Chapter 25 (p. 277) ' 
1. 181.8 9. 2.066 g 
4, 120.1; 229.9 13. 126 
5. 138.2 14, 390.4°C; 134.6 
6. 385. 1 16. —0.0544°C; 891.1 g 
7, Ss: 1.9 x 10-* 19. (a) 7435 g; (6) 2586 g 
8. 145 

Chapter 26 (p. 290) 
2. 345.7 10. 68.1 x 10° 
ae foes 2 kN m~”) 1.32 atm; 326 11, 1197 
4.5 12. 240 x 103 
S288 . g dm~? 13. 30.3 x 103 
9734.2 105 14, 33.3 

15. 84.6 per cent 



Answers to questions 

Chapter 27 (p. 303) 
1. AH = —548 kJ 

2. (a) AH = —597.6 kJ 
(6) 1255 kJ 

3. AH = 60.2 kJ 
4. AH = —209.2 kJ 
5. 4720 g 
6. AH = —214.2 kJ 
8. 1: 0.54 

9. 2.9°C 

Chapters 28 and 29 (p. 327) 
2. 4; 20.34 g 
4. (a) 0.9 mol; (6) 0.845 mol; 

(c) 0.54 mol 
7. 2.925:1 
9. 109.9 g 

16. 303 
17. 2.81 per cent 
18. 8.044 x 10° N m~? 
19. 0.1089; 0.3838 atm 

Chapter 30 (p. 334) 
1. 285.7 kJ 
3. 0.34; 0.50 
4. 53.590 kJ 
7. 57.68 kJ 
8. 171.6 kJ 

Chapter 31 (p. 348) 
21 
3. 144.5 min 
5. 82.4 min 
6. 513 s 

Chapter 33 (p. 371) 
2. (a) 1.524; 

(6) 0.002116 Q-1 cm! 
3. (a) 0.5 

(6) 0.06897 Q-1 cm=}, 180.5 Q 

Chapter 34 (p. 378) 
17S xan 
3. (a) 6.03 x 10-3 

(6) 803 x 10° 
(c) 134 x 10-6 
(d) 828 x 10-9 

6. 443 x 10-° mol dm~3 
7. 95.5 per cent 

Chapter 35 (p. 387) 
22 eelOn a dmin- 
3. 1.7 x 10-9 mol dm~3 

10. 
11. 
12° 
13. 
14. 
15. 
16. 

We 

20. 

aie 

24. 

13. 
18. 

11. 

12. 
13. 
15. 
16. 
AG 

3561 

AH = —61.52 kJ 
3242 kJ 
AH = —192.9 kJ 
10.94 kJ; 10.73 kJ 
AH = —460.2 kJ 
AH = —217.6 kJ 
(a) 90.4; —40.6 kJ; 
(6) 87.9; —43.1 kJ 
23.83 kJ 

(a) 0.037 mol dm~* 
(6) 0.063 mol dm~ 
(a) 50; 
(6) 5.9 atm; 
(c) 0.65 atm 
(a) 625, 1156; 
(6) 1:1.848; 
(c) 84.42 mm 

. 90.16 kJ 
10. 
ie 
2s 

(a) 32.1; (6) 94.56 kJ 

505.4 kJ 

103.4 kJ mol-! 

We dW 7.9 x 10° 

. 625 x 1072; 16 x 10-°A 
13. 
Bs 
16. 

(a) 386.0; (6) 246.3 
0.495 
(i) 1:1; ii) 1:3 

(a) 0.0245; 0.0190; 
(6) 18 x 10-°, 10.85 x 10-° 
—0.187°C 
1.342 x 10-3 
2.65 X 10-5 
1.79 x 10° 
0.036 



562 

4, K = 108x5/214° 

5. V x(x + y) 
6. (a) 10-73 mol dm~3, 10-74 mol dm~?; 

(6) 25 x 10-27 

Introduction to Physical Chemistry 

7. (a) 3.6 X 10-9 mol dm-3, 1.1 x 10-5 mol dm~3; 
(6) 1.3 x 10-* mol dm-3 

8. 1.12 x 10-* mol dm~3; 2.80 x 10-° mol dm-3 
10. (a) 1.332 x 10-8; (6) 4.038 x 10-4 
11. 0.1586 mg dm~ 
122 SS 10s ig dine 
1352.04 2. 5<110ne 

Chapter 36 (p. 404) 
1. 20 per cent 
2. (a) 10-* mol dm=? 

(b) 2.5 x 10-* mol dm-? 
3. (a) 2.88; (b) 2; (c) 12; (d) 5.7 
8. 0.0132; 2.878 

Chapter 38 (p. 422)_. . 
10.837 3-2! 
11. 0.0075 per cent 
12. 8.87 

Chapter 39 (p. 432) 
2. 1.56 volt 
6. 1.1235 volt 

Chapter 40 (p. 448) 
1. 4xy/3 
4. 90 per cent 
6. 0.383 volt 
Teles 

Chapter 41 (p. 458) 
3. 0.56 
4. 0.917 
5. Nat,0.38; Cl-, 0.62 

Chapter 44 (p. 488) 
14. 18 g dm=3 
15.3 x 107-*° mol dm=3 
16. 9.55 x 10-3 g 

Chapter 45 (p. 505) 
9, 22 X 10-° cm?; 2.5 nm; 3.7 nm 

Chapter 46 (p. 520) 
1.6 X 108 m? 

11. 
16. 
Ue 

13; 
14. 
18. 

ie 

OO 

2. 10*8; 0.5 mm of water; 4 x 10-©°C 
SSO 2 10? m2 

12. 718.6 N m=? 

2 3*3 Gas <On 
10. (a) 0.0365; (6) 3.42; 

(c) 2.29 x 10-3 
29 10-73 2:54 
3.89; nil 
4.57 

0.73 g 
9.43 
25.8 x 10-5 

(a) —0.378 volt; (6) 0.092 volt 
. 0.38 volt 

. (a) 50 cm?; (6) 25 cm? 

. (a) 14.36 A; 
(6) 14.21 A, 193 coulomb 
31.5 um 

. 0.527; 0.1517 g 

. 0.419 



Answers to questions 563 

Chapter 48 (p. 550) 
2. —136.9 kJ 
3. (a) 34.86 kJ; (6) —257.3 kJ; (c) —101 kJ 
4. K = 2.5; 0.29 atm 
5. —1.685 J K-71 
7.109 J K-71 
3. —342.8 kJ 
4. —146.9 kJ 



0043 0086 0128 
0453 0492 0531, 
0828 0864 0899 
1173 1206 1239 
1492 1523 1553 

1790 1818 1847 
2068 2095 2122 
2330 2355 2380 
2577 2001 2625 
2810 2833 2856 

3032 3054 3075 
3243 3263 3284 
3444 3464 3483 
3036 3655 3674 
3820 3838 3856 

3997 4014 4031 
4166 4183 4200 
4330 4346 4362 
4487 4502 4518 
4639 4654 4669 

4786 4800 4814 
4928 4942 4955 
5065 5079 5092 
5198 5211 5224 
5328 5340 5353 

5453 5465 5478 
5575 5587 5599 
5694 5705 5717 
5809 5821 5832 

5922 5933 5944 

6031 6042 6053 
6138 6149 6160 
6243 6253 6263 
6345 6355 6365 
6444 6454 6464 

6542 6551 6561 
6637 6646 6656 
6730 6739 6749 
6821 6830 6839 
6911 6920 6928 

6998 7007 7016 
7084 7093 7101 

17168 7177 7185 

7251 7259 7267 
7332 7340 7348 

LOGARITHMS 

O170 0212 0253 
0569 0607 0645 
0934 0969 1004 
1271 1303 1335 
1584 1614 1644 

1875 1903 1931 
2148 2175 2201 
2405 2430 2455 
2648 2672 2695 
2878 2900 2923 

3096 3118 3139 
3304 3324 3345 
3502 3522 3541 
3692 3711 3729 
3874 3892 3909 

4048 4065 4082 
4216 4232 4249 
4378 4393 4409 
4533 4548 4564 
4683 4698 4713 

4829 4843 4857 
4969 4983 4997 
5105 5119 5132 

5237 5250 5263 
5366 5378 5391 

5490 5502 5514 
5611 5623 5635 

5729 5740 5752 
5843 5855 5866 
5955 5966 5977 

6064 6075 6085 
6170 6180 6191 
6274 6284 6294 
6375 6385 6395 
6474 6484 6493 

6571 6580 6590 
6665 6675 6684 
6758 6767 6776 
6848 6857 6866 
6937 6946 6955 

7024 7033 7042 
7110 7118 7126 
7193 7202 7210 

7275 7284 7292 
7356 7364 7372 

0294 0334 0374 
0682 0719 0755 
1038 1072 1106 
1367 1399 1430 
1673 1703 1732 

1959 1987 2014 
2227 2253 2279 
2480 2504 2529 
2718 2742 2765 
2945 2967 2989 

3160 3181 3201 

3365 3385 3404 
3560 3579 3598 
3747 3766 3784 
3927 3945 3962 

4099 4116 4133 
4265 4281 4298 
4425 4440 4456 
4579 4594 4609 
4728 4742 4757 

4871 4886 4900 
5OII 5024 5038 
5145 5159 5172 
5276 5289 5302 
5403 5416 5428 

5527 5539 5551 
5647 5658 5670 
5763 5775 5786 
5877 5888 5899 
5988 5999 6010 

6096 6107 6117 
6201 6212 6222 
6304 6314 6325 
6405 6415 6425 
6503 6513 6522 

6599 6600 6618 
6693 6702 6712 
6785 6794 6803 
6875 6884 6893 
6964 6972 6981 

7950 7059 7067 
7135 7143 7152 
7218 7226 7235 
7300 7308 7316 

7380 7388 7396 

Differences 

123/45 6 

4812 
4811 
3710 
3610 
36 9 

1721 25 
15 19 23 
1417 21 
13 1619 
121518 

Il 1417 
11 13 16 
10 1215 
91214 
Q II 13 NN NWW 

81113 
8 10 12 
81012 

NNNDNN 

BWWWW WWWWW HAHAAL AUUUND 

HNNDNN 

HNYNYNOW YOWWHWHW WWWWW WHWwWhR HHAAHR AUN UADAD ~.~1~1 C00 BWOWHWW BHAA HHDAAA AUUUMN UUNUAH Ano va PRARE HAUUNH UU WUADAHD Dosw W000 UMMM ANU AN DADNDAKD ss WwHDDMDWO ONO 

4-389 

ADNAN DANO INI~INICO KCC AOI NNSA CO OMnwmo ooo wInII COCO WWOMDMO OOOO O 



7412 7419 7427 | 
7490 7497 7505 
7506 7574 7582 
7642 7649 7657 
7716 7723 7731 

7789 7796 7803 
7860 7868 7875 
7931 7938 7945 
8000 8007 8014 
8069 8075 8082 

8136 8142 8149 
8202 8209 8215 
8267 8274 8280 
8331 8338 8344 
8395 8401 8407 

8457 8463 8470 
8519 8525 8531 
8579 8585 8591 
8639 8645 8651 
8698 8704 8710 

8756 8762 8768 
8814 8820 8825 
8871 8876 8882 
8927 8932 8938 
8982 8987 8993 

9036 9042 9047 
9090 9096 g101 
9143 9149 9154 
9196 9201 9206 
9248 9253 9258 

9299 9304 9309 
9350 9355 9360 
9400 9405 9410 
945° 9455 9460 
9499 9504 9509 

9547 9552 9557 
9595 9600 9605 
9643 9647 9652 
9689 9694 9699 
9736 9741 9745 

9782 9786 9791 
9827 9832 9836 
9872 9877 9881 

9917 9921 9926 
9961 9965 9969 

LOGARITHMS 

Differences 

ao 

7435 7443 7451 
7513 7520 7528 
7589 7597 7604 
7664 7672 7679 
7738 7745 7752 

7810 7818 7825 
7882 7889 7806 
7952 7959 7966 
8021 8028 8035 
8089 8096 8102 

8156 8162 8169 
8222 8228 8235 
8287 8293 8299 
8351 8357 8363 
8414 8420 8426 

8476 8482 8488 
8537 8543 8549 
8597 8603 8609 
8657 8663 8669 
8716 8722 8727 

8774 8779 8785 
8831 8837 8842 
8887 8893 8899 
8943 8949 8954 
8998 9004 9009 

9053 9058 9063 
9106 g112 O117 
9159 9165 9170 
9212 9217 9222 
9263 9269 9274 

9315 9320 9325 
9365 9370 9375 
9415 9420 9425 
9465 9469 9474 
9513 9518 9523 

9562 9566 9571 
9609 9614 9619 
9657 9661 9666 

9703 9708 9713 
975° 9754 9759 

9795 9800 9805 
9841 9845 9850 
9886 9890 9894 
993° 9934 9939 
9974 9978 9983 

7459 7466 7474 
7536 7543 7551 
7612 7619 7627 
7686 7694 7701 
7760 7767 7774 

7832 7839 7846 
7903 7910 7917 
7973 7980 7987 
8041 8048 8055 
8109 8116 8122 

8176 8182 8189 
8241 8248 8254 
8306 8312 8319 
8370 8376 8382 
8432 8439 8445 

8494 8500 8506 
8555 8561 8567 
8615 8621 8627 
8675 8681 8686 
8733 8739 8745 

8791 8797 8802 
8848 8854 8859 
8904 8910 8915 
8960 8965 8971 
QOIS5 9020 9025 

9069 9074 9079 
9122 9128 9133 
9175 9180 9186 
9227 9232 9238 
9279 9284 9289 

933° 9335 9340 
9380 9385 9390 
9430 9435 9440 
9479 9484 9489 
9528 9533 9538 

9576 9581 9586 
9624 9628 9633 
9671 9675 9680 

9717 9722 9727 
9763 9768 9773 

9809 9814 9818 
9854 9859 9863 
9899 9903 9908 
9943 9948 9952 
9987 9991 9996 

Cae! ao! ot 

iain io io! 

I 

I 

I 

I 

I 

oooo0o°0o o0oOn wm ee) 

ooo0oo0o°o 

ae ee HH HNN NNNNDN NNNNN NNNDNDN NNNNDN NNNDNDHND NNNNN 

eee 

NWWWW WWwWWW WWWWW 

NNNNDND NNNDNN NNNNDN NNNNN NNNNDN 

NNNNDND 

NYNNWW WWWWW WWWWW WWWWW WWWWW WwWwpb A AAAADA 

NNNNDND 

NNNNDN WWWWHW WHWWWW WWWWW WWHWWW WWWWW HAAALHA PAPAL AAADADR ARUN BWHWHW WHWWWH WBHWSH HAA HD AHA HAA DA AHADAAA HAUUUN UUMUUNUN UUUNWGN OHDAL HAADDA PRDAAR PARADE FPREUN UUWUUN UUUUNUN UNADR ananaga AAD AAL AAPDAHL AAAUUN UMUnnN UMnUUNWN AMMAN DKDADD DANDAAQD TI I~ 



1002 1005 1007 
1026 1028 1030 
1050 1052 1054 
1074 1076 1079 
1099 1102 1104 

1125 1127 1130 
II51 1153 1156 
1178 1180 1183 
1205 1208 1211 
1233 1236 1239 

1262 1265 1268 
I2QI 1294 1297 
1321 1324 1327 
1352 1355 1358 
1384 1387 1390 

1416 1419 1422 
1449 1452 1455 
1483 1486 1489 
1517 1521 1524 
1552 1556 1560 

1589 1592 1596 
1626 1629 1633 
1663 1667 1671 
1702 1706 1710 
1742 1746 1750 
1782 1786 1791 
1824 1828 1832 
1866 1871 1875 
IQIO 1914 1919 

1954 1959 1963 
2000 2004 2009 
2046 2051 2056 
2094 2099 2104 
2143 2148 2153 
2193 2198 2203 

2244 2249 2254 
2296 2301 2307 
2350 2355 2360 
2404 2410 2415 
2460 2466 2472 

2518 2523 2529 
2576 2582 2588 
2636 2642 2649 
2698 2704 2710 
2761 2767 2773 

2825 2831 2838 
2891 2897 2904 
2958 2965 2972 
3027 3034 3041 
30907 3105 3112 

ANTI-LOGARITHMS 

1009 I012 1014 
1033 1035 1038 
1057 1059 1062 
1081 1084 1086 
I107 1109 II12 
1132 1135 1138 
1159 1161 1164 
1186 1189 1191 
1213 1216 1219 
1242 1245 1247 
1271 1274 1276 
1300 1303 1306 
1330 1334 1337 
1361 1365 1368 
1393 1396 1400 
1426 1429 1432 
1459 1462 1466 
1493 1496 1500 
1528 1531 1535 
1563 1567 1570 

1600 1603 1607 
1637 1641 1644 
1675 1679 1683 
1714 1718 1722 
1754 1758 1762 
1795 1799 1803 
1837 1841 1845 
1879 1884 1888 
1923 1928 1932 
1968 1972 1977 

2014 2018 2023 
2061 2065 2070 
2109 2113 2118 
2158 2163 2168 
2208 2213 2218 

2259 2265 2270 
2312 2317 2323 
2366 2371 2377 
2421 2427 2432 
2477 2483 2489 
2535 2541 2547 
2594 2600 2606 
2655 2661 2667 
2716 2723 2729 
2780 2786 2793 

2844 2851 2858 
2911 2917 2924 
2979 2985 2992 
3048 3055 3062 
3119 3126 3133 

IOI6 1019 1021 
1040 1042 1045 
1064 1067 1069 
1089 I0gI 1094 
III4 1117 1119 

II40 1143 1146 
1167 1169 1172 
1194 1197 1199 
122Z 1225 1227 
1250 1253 1256 
1279 1282 1285 
1309 1312 1315 
1340 1343 1346 
1371 1374 1377 
1403 1406 1409 

1435 1439 1442 
1469 1472 1476 
1503 1507 1510 

1538 1542 1545 
1574 1578 1581 
1611 1614 1618 
1648 1652 1656 
1687 1690 1694 
1726 1730 1734 
1766 1770 1774 
1807 1811 1816 
1849 1854 1858 
1892 1897 1901 
1936 1941 1945 
1982 1986 1991 

2028 2032 2037 
2075 2080 2084 
2123 2128 2133 
2173 2178 2183 
2223 2228 2234 

2275 2280 2286 
2328 2333 2339 
2382 2388 2393 
2438 2443 2449 
2495 2500 2506 

2553 2559 2564 
2612 2618 2624 
2673 2679 2685 
2735 2742 2748 
2'799 2805 2812 

2864 2871 2877 
2931 2938 2044 
2999 3006 3013 
3069 3076 3083 
3141 3148 3155 HHH HH HH Ree Here OOOO 00000 OOOO O OMOMOMOO OOOO MO OO MoO oOo AOAOOO NO NWYNHNN NNNNKR NNNDWD BD MH OOO 

Differences 

a on 

WHWWWW WWNNN NNNNN NNNND NNNNDND NNNDNH HHH HR OOOO Oo PPRWWW WWWWW WWHWW WNNNN NNNNND NNNNN NNNNN NNNDNH HHH HH Hee 

2 

PhADP ADHAHH WWWWHW WWWWHW WHWWW DN NNNNN NNNNN NNNNDND NNNND NH UUMUNMN PHA H PHPAHR PWHWWHW WHWWWH WWHWW WNNND NNNNND NNNNDN NNNDNDDN DOM UMN ULDPHL HHH HPRWHWH WHWWWW WHWHWW WHWNNDND NNNNDND NNNNDND ARDADNA AKROMU UNUM UbPDHDH HAHAHAHA AAWWHW WWWHWW WWWWW WWNDNDDND NNNNDDND 



3170 3177 3184 
3243 3251 3258 
3319 3327 3334 
3396 3404 3412 
3475 3483 3491 
3556 3565 3573 
3639 3648 3656 
3724 3733 3741 
3811 3819 3828 
3899 3908 3917 
3990 3999 4009 
4083 4093 4102 
4178 4188 4198 
4276 4285 4295 
4375 4385 4395 
4477 4487 4498 
4581 4592 4603 
4688 4699 4710 
4797 4808 4819 
4909 4920 4932 
5023 5035 5047 
5140 5152 5164 
5260 5272 5284 
5383 5395 5408 
5508 5521 5534 
5636 5649 5662 
5768 5781 5794 
5902 5916 5929 
6039 6053 6067 
6180 6194 6209 

6324 6339 6353 
6471 6486 6501 
6622 6637 6653 
6776 6792 6808 
6934 6950 6966 
7096 7112 7129 
7261 7278 7295 
7430 7447 7464 
7603 7621 7638 
7780 7798 7816 

7962 7980 7998 
8147 8166 8185 
8337 8356 8375 
8531 8551 8570 
8730 8750 8770 

8933 8954 8974 
QI4I 9162 9183 
9354 9376 9397 
9572 9594 961 
9795 9817 9840 

ANTI-LOGARITHMS 

3192 3199 3206 
3266 3273 3281 
3342 3350 3357 
3420 3428 3436 
3499 3508 3516 
3581 3589 3597 
3664 3673 3681 
3750 3758 3767 
3837 3846 3855 
3926 3936 3945 
4018 4027 4036 
4III 4121 4130 

4207 4217 4227 
4305 4315 4325 
4406 4416 4426 

4508 4519 4529 
4613 4624 4634 
4721 4732 4742 
4831 4842 4853 
4943 4955 4966 
5058 5070 5082 
5176 5188 5200 
5297 5309 5321 
5420 5433 5445 
5546 5559 5572 
5675 5689 5702 
5808 5821 5834 
5943 5957 5970 
6081 6095 6109 
6223 6237 6252 

6368 6383 6397 
6516 6531 6546 
6668 6683 6699 
6823 6839 6855 
6982 6998 7015 

7145 7161 7178 
7311 7328 7345 
7482 7499 7516 
7056 7674 7691 
7834 7852 7870 
8017 8035 8054 
8204 8222 8241 
8395 8414 8433 
8590 8610 8630 
8790 8810 8831 

8995 9016 9036 
9204 9226 9247 
9419 9441 9462 

61 9638 9661 9683 
9863 9886 9908 

3214 3221 3228 
3289 3296 3304 
3365 3373 3381 
3443 3451 3459 
3524 3532 3540 
3606 3614 3622 
3690 3698 3707 
3776 3784 3793 
3864 3873 3882 
3954 3963 3972 

4046 4055 4064 
4140 4150 4159 
4236 4246 4256 
4335 4345 4355 
4436 4446 4457 
4539 4550 4560 
4645 4656 4667 
4753 4794 4775 
4864 4875 4837 
4977 4989 5000 
5093 5105 5117 
5212 5a) 52306 
5333 5340 5358 
5458 5470 5483 
5585 5598 5610 
5715 5728 5741 
5848 5861 5875 
5984 5998 6012 
6124 6138 6152 
6266 6281 6295 

6412 6427 6442 
6561 6577 6592 
6714 6730 6745 
6871 6887 6902 
7031 7047 7063 
7194 7211 7228 
7362 7379 7396 
7534 7551 7568 
77°29 7727 7745 
7889 7907 7925 
8072 8091 8110 
8260 8279 8299 
8453 8472 8492 
8650 8670 8690 
8851 8872 8892 

9057 9078 9099 
9268 9290 9311 

9484 9506 9528 
9705 9727 975° 
9931 9954 9977 NNNNN NNNNN NNNNN NNNDNH HHH HH HR HR RR RRR RRR RRR OR UAPAAR PAAAR PRWOWWH WHWOHW WHWWH WWNDNDD NNNDHN NYNNONHKDN NNKDND NNDNNH SNINSDD ADANDDAAUUMNUNH UNAnp PAPRAA PARADA WWHHWYW WHWWWHW WHWWWDNHD NNNNDN 

Difforences 

000 CC MOCO SJNININIT DANDADAD DOU UuUuunuwn UbDHPAH AHDAR BPARWWYHW WHWWWW 

eo 



Relative atomic masses (1967) 

Atomic weights Atomic Element Symbol aitio 

Actinium . : Ac 89 
Aluminium . ‘ Al 13 26.981 5 
Americium . 5 Am 95 243 
Antimony . ; Sb 51 121.75 121.5 
Argon . . ‘ Ar 18 39.948 40 
Arsenic ‘ ‘ As 33 74.9216 75 
Astatine 3 a At 85 210 
Barium : ; Ba 56 137.34 137.5 
Berkelium . : Bk 97 249 
Beryllium . . Be 4 9.0122 9 
Bismuth P ‘ Bi ES hERS 208.980 209 
Boron ~ z ‘ B 5 10.811 11 
Bromine ; . Br 35 79.904 80 
Cadmium . : Cd 48 112.40 112.5 Caesium : ‘ Cs 55 132.905 133 Calcium : 5 Ca 20 40.08 40 Californium . % Cf 98 249 Carbon . Cc 6 12.01115 12 Cerium ; é Ce 58 140.12 140 Chlorine “ ‘ Cl 17 35.453 35:5 Chromium . ‘ Cr 24 51.996 52 Cobalt . : 5 Co 27 58.9332 59 Copper é ‘ Cu 29 63.54 63.5 Curium F * Cm 96 247 Dysprosium . ; Dy 66 162.50 162.5 Einsteinium . ‘ Es 99 254 Erbium f Er 68 167.26 167 Europium . ; Eu 63 151.96 152 Fermium . ‘ Fm 100 254 Fluorine - . F 9 18,9984 19 Francium . : Fr 87 223 Gadolinium . 5 Gd 64 157.25 157 Gallium B Ga 31 69.72 69.5 Germanium . ; Ge 32 72.59 qs Gold . A . Au 79 196.967 197 Hafnium a 5 Hf 72 178.49 178.5 Helium < t He 2 4.0026 4 Holmium ‘ Ho 67 164.930 165 Hydrogen. . H 1 1.00797 1 Indium. : 5 In 49 114.82 115 Iodine a "i I 53 126.9044 127 Iridium 3 : Ir 77 192.2 192 Iron. : = Fe 26 55.847 56 Krypton ; : Kr 36 83.80 84 Lanthanum . ‘ La 57 138.91 139 Lawrencium. ‘ Lw 103 257 Lead . 2 % Pb 82 207.19 207 Lithium ‘ : Li 3 6.939 Fi) Lutetium . Lu 71 174,97 175 Magnesium , Mg 12 24.305 24.5 Manganese . ; Mn 25 54.9380 55 Mendelevium . Md 101 256 



Relative atomic masses (1967) 

Mercury 
Molybdenum 
Neodymium . 
Neon 
Neptunium . 
Nickel . 
Niobium é 
Nitrogen , 3 14.0067 
Nobelium é 
Osmium 5 : 190.2 
Oxygen ; 3 15.999 4 
Palladium . ‘ 106.4 
Phosphorus . . 30.9738 
Platinum —. : 195.09 
Plutonium 
Polonium ; 
Potassium . 3 39.102 
Praseodymium . 140.907 
Promethium . 
Protactinium. 
Radium 
Radon. . 
Rhenium. 5 186.2 
Rhodium . : 102.905 
Rubidium . . 85.47 
Ruthenium . . 101.07 
Samarium . : 150.35 
Scandium . 3 44.956 
Selenium . 6 78.96 
Silicon . . i 28.086 
Silver . 2 ji 107.868 
Sodium 5 , 22.989 8 
Strontium . - 87.62 
Sulphur : 2 32.064 
Tantalum . 4 180.948 

Technetium . ; 
Tellurium . ; 127.60 
Terbium é ‘ 158.924 
Thallium . ‘: 204.37 
Thorium 5S 232.038 
Thulium ss i 168.934 
ings. : x 118.69 
Titanium . ‘ i 47.90 
Tungsten . . 183.85 
Uranium. f 238.03 
Vanadium . ; 50.942 
Xenon . F ‘ 131.30 
Ytterbium . ‘ 173.04 
Yttrium . é 88.905 
Zinc. 5 ‘ 65.37 
Zirconium . is 91,22 
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ABEGG, 28 
Abelson, 140 
Absolute ethanol, 250 
Absolute scale, 36 
Absolute temperature, 36 
Absolute velocity of ions, 456 
Absolute zero, 36 
Absorption coefficient, 238 
Absorption spectra, 104 
Acceptor, 162 
Acid-base catalysis, 357-8 
Acid exchange, 499 
Acidity constant, 375 
Acids, 406-11 
Acid salts, hydrolysis of, 416 
Actinides, 29, 117 
Actinium series, 124 
Actinons, 29, 117 
Activation energy, 322, 330-4 
Active mass, 7 
Activity coefficient, 307, 378 
Adam, 494 
Adams, 499 
Adsorption, 490-505 

by catalysts, 356 
from solution, 498 
selective, 502 

Adsorption indicators, 516 
Adsorption isotherms, 496-8 
Advanced gas-cooled reactor, 152 
Agar-agar, 510 
A.G.R., 152 
Allotropy, 218-22, 295, 544 
Alkali, 407 
Alkyl halides, hydrolysis of, 342 
a-rays, 97 
Aluminium, anodising of, 446 
Alums, 210 
Amines, 201 
Amino acids, 412 
Ammonium chloride, 218 
Ammonium nitrate(v), 218 
Ampholytes, 411-12 
Amphoteric electrolytes, 411-12 
Anaxagoras, 2 

’ Anderson, 146 
Andrews, 74 
Angstrom unit, 103 
Aniline hydrochloride, hydrolysis of, 

421 
Anion, 360, 433 

exchange, 499-500 
hydrolysis, 414, 417 

Anodic oxidation, 445 

Anodising, 446 
Anti-bonding orbitals, 174 
Anti-fluorite structure, 170 
Anti-knock, 346 
Anti-neutrino, 147 
Anti-proton, 147 
Aprotic solvent, 409 
Aquasol, 509 
Arrhenius, 322, 330, 360, 361, 406 
Artificial disintegration, 135 
Artificial radioactivity, 135 
Association, 62, 200, 234, 275-7 
Aston, 127 
Atomic bomb, 150 
Atomic chains, 343 
Atomic crystals, 162, 182-4 
Atomic heat capacity, 22 
Atomicity, 46 

of hydrogen, 46 
Atomic mass unit, 141-2 
Atomic nucleus, 86 
Atomic number, 84, 115 
Atomic orbitals, 118, 174 
Atomic pile, 151 
Atomic structures, outlines of, 83-7 
Atomic volume, 25, 165 
Atomic weight, 20 

values, 568 
Autocatalysis, 354 
Avogadro’s hypothesis, 46, 70 
summary of uses, 52 

Avogadro constant, 51-2, 520 
Azeotropic mixtures, 250 

Bacon, 2 
Balmer, 104 
Band model, 196 
Band spectra, 104 
Barium sulphate(v1) gel, 511 
Base exchange, 499 
Bases, 406-11 
Beckmann’s method, 269-70, 274 
Beckmann’s thermometer, 270 
Becquerel, 96 
Benzene, structure of, 193-4 
Berkeley, 285 
Berthelot, 540 
Berthelot’s equation, 73 
Berthollet, 4 
Berthollide compounds, 5 
Berzelius, 7, 14, 22, 24, 351 
B-rays, 98 
Bethe, 154 
Bidentate groups, 481 
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Binding energy, 143-5 
Bismuth chloride, hydrolysis of, 314 
Bivariant systems, 524 
Bjerrum, 378 
Blackett, 135 
Blasting gelatine, 511 
Body-centred cube, 209 
Bohr, 105 
Boiling point, 80 
Boiling-point constant, 268 
Boiling point—composition diagrams, 

245-6, 249-50 
Boiling point of solutions, 267-72 

and vapour pressure, 267 
Boltzmann, 71 
Bomb calorimeter, 298 
Bond angles, 176 
Bond energies, 179, 302 
Bond lengths, 181 
Bond order, 190 
Bonding orbitals, 174 
Borax, titration of, 399 
Born-Haber cycle, 173 
Bosch process, 326 
Boyle, 1, 2 
Boyle’s law, 1, 35, 68 
Brackett, 104 
Bragg equation, 215 
Bragg’s X-ray spectrometer, 216 
Bredig’s arc method, 510 
Breeder reactor, 153 
Brgnsted—Lowry theory, 407 
Brownian motion, 79, 512 
Bubble chambers, 137 
Buffer solutions, 401 
Buoyancy method, 41 
Burt, 11 

Cadmium chloride, 205 
Cadmium, detection in presence of 

copper, 485 
Caesium chloride, structure of, 170 
Calcium carbonate, dissociation of, 

318, 529 
Calcium carbonate gel, 511 
Calder Hall reactor, 151-2 
Calgon, 486 
Calomel electrode, 427 
Calorific values, 298 
Cane sugar, inversion of, 314 
Cannizzaro, 46, 49 
Carbon, allotropes of, 221 

isotopes of, 128 
Carbonate ion, 192 

Index 

Carbon scale, 131 
Carbon dioxide, 185, 191 
Carbon monoxide, 191 
Carboxylic acids, 201 
Carlisle, 88 
Carnot’s cycle, 537 
Carotene in grass, 503 
Catalysis, 320, 346, 351-8 
Cataphoresis, 513 
Cathode rays, 90 
Cathodic protection, 461 
Cathodic reduction, 446 
Cation, 360, 433 

hydrolysis of, 415, 417 
Cation exchange, 499-500 
Cavendish, 42 
Cell constant, 364 
Cells, 424-32, 545 

concentration, 429 
e.m.f. of, 428 

Centrifugation potential, 515 
Centrifuge, 520 
Chadwick, 101 
Chain reaction, 149, 342-8 
Charles’s law, 1, 36, 68 
Chelation, 202, 481 
Chemical atomic weights, 31, 130 
Chemical bonding, 158—63 
Chemical potential, 540 
Chemisorption, 496 
Chlorination of methane, 345 
Chlorine, isotopes of, 128 
Chromatogram, 503 
Chromatography, 502-5 

applications of, 503-4 
gas, 504 
vapour, 504 

Clathrates, 213 
Clausius, 543 
Cloud chambers, 136 
Coagulation of sols, 515 
Colligative properties, 263 
Colloid mill, 509 
Colloids, 507-20 
Common ion effect, 382 
Complex acids, 481 
Complex anions, 480 
Complex cations, 480 
Complex ions, 455, 472, 480-8 

detection of, 486-7 
insoluble, 486 
stability, 481 

Complexones, 486 
Component, definition of, 523 



Index 

Concentration cells, 429 
Concentration effect, 436 
Condensation methods, 508 
Conductance ratio, 371 
Conductimetric titration, 431 
Conductivity cells, 364 
Conductivity of solutions, 362-71 
Conductivity water, 364 
Conjugate pair, 407 
Conjugate solutions, 253 
Conjugation, 193-4 
Consolute temperatures, 253 
Contact catalysis, 355 
Contact process, 326 
Continuity of state, 75 
Continuous spectra, 104 
Co-ordinate bond, 163 
Co-ordination compounds, 480 
Co-ordination number, 169, 480 
Copper(in) sulphate(v1), 530 

electrolysis of, 442 
Corresponding states, 76 
Corrosion, 460-5 
Cosmic rays, 146 
Cottrell’s method, 272 
Cottrell-MGller process, 516 
Cottrell process, 516 
Covalent bond, 159, 174-84, 194 

directional nature, 176 
energy, 179, 302 
ionic character, 186 
length, 181 

Covalent crystals, 182-4 
Covalent radius, 181 
Cp, 77-8 
Critical constants, 74-7 
Critical pressure, 74 
Critical size, 150 
Critical solution temperature, 253-4 
Critical temperature, 74 
Critical volume, 74 
Crookes, 90 
Cryohydrate, 256-7 
Cryohydric point, 256-7 
Cryoscopic constant, 273 
Crystal energy, 173, 545 
Crystallisation, 230-3 

fractional, 232 
Crystalloids, 517 
Crystal structures, 208-17 
Crystal systems, 208 
Cuprammonium ion, 482, 483 
Curie-Joliot, 136, 146 
Curie, Mme, 96 
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Curie, the, 123 
Current-voltage curves, 438-9 
Cy, 77-8 
Cyanide process, 484 
Cyclohexene, 302 

Dalton, 5, 18, 42 
Dalton’s atomic theory, 1, 18 
Daniell cell, 424, 546 
Dative bond, 162 
Davisson, 117 
Davy, 5, 88 
de Broglie, 117 
Debye, 377 
Debye unit, 189 
Decomposition voltage, 438-40 
Degree of dissociation, 61, 276-7 
Degree of hydrolysis, 418, 420 
Degree of ionisation, 276-7, 361 
Degrees of freedom, 523 
De-ionisation, 500 
Deliquescence, 531-2 
$-orbitals, 174 
De-mineralisation, 500 
Democritus, 18 
Dempster, 127 
Density of gases, 40 
Deposition pressure, 425 
Detergents, 493-4 
Deuterium, 129, 142 
Deuterium oxide, 129 
Deuterons, 135 
Dewar structure, 193 
de Vries, 286 
Dialysis, 517 
Diamagnetism, 171 
Diamond structure, 183 
Diaphragm cell, 444 
Dieterici’s equation, 73 
Differential aeration, 463-4 
Diffraction, 213 

by X-rays, 214 
Diffusion, 38, 131, 280 

of ions, 455 
of sols, 517 
thermal, 132 

Dilatometer, 222 
Dilution of a solution, 367 
Dilution law, 373-4 
Dimethyl glyoxime, 487 
Dimorphism, 217-18 
Dinitrogen oxide, 191 
Dinitrogen pentoxide, 339 
Dioxygen, 221 
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Dipolar ion, 412 
Dipole moments, 189 
Direction focusing, 128 
Discharge potential, 440 
Disintegration series, 124-5 
Disperse phase, 507 
Dispersion medium, 507 
Disproportionation, 477-8 
Dissociation constant, 373, 376-7 
Dissociation energy, 172 
Dissociation pressure, 318-19, 529 
Dissociation thermal, 61 

degree of, 61, 234, 276 
Distribution law, 233 
Dobereiner, 25 
Donor, 162 
Double indicator method, 399 
Dounreay type reactor, 153 
Downs’ cell, 445 
Draper, 347 
Dropping mercury cathode, 447 
Dulong and Petit’s rule, 22-3 
Dumas, 11 
Dumas’s method, 59 

Ebullioscopic constant, 268 
Edgar, 11, 12 
EDTA, 486 
Efflorescence, 531-2 
Effusion, 38, 39 
Einstein, 3, 117, 347 
Electric mobility, 456 
Electric potential, 425 
Electrochemical equivalent, 89 
Electrode potential, 166, 425-9, 440 

standard, 426, 428 
Electrode processes, 434 
Electro-kinetic phenomena, 515 
Electrolysis, 433-48 

mechanism of, 438-40 
of brine, 443 
of copper(1) sulphate(tv) solution, 

442 
of fused sodium chloride, 445 
of hydrogen halides, 442 
of sodium hydroxide solution, 441 
of sulphuric(v1) acid, 438-40 
outline of process, 433 
summary, 437 

Electrolyte, 360-2 
Electrolytic oxidation, 445-6 
Electrolytic reduction, 445-6 
Electrolytic solution pressure, 425 
Electromagnetic separation, 131 

Index 

Electromagnetic spectrum, 103 
Electrometric titration, 431 
Electron, 83, 89 

charge on, 51, 92 
measurement of e/m, 91 
measurement of v, 91 
wave nature, 86 

Electron affinity, 167 
Electronegativity, 187, 473 

values of, 188 
Electron spin, 109, 114 
Electronic structures, 112-13, 116 
Electron volt, 142, 552 
Electro-osmosis, 514 
Electrophilic, 411 
Electrophoresis, 513 
Electrostatic precipitation, 516 
Electrovalent bond, 158, 164-73 
Elevation of boiling point, 268-72 
Elution, 502 
Emission spectra, 104 
Emulsifiers, 493 
Emulsoid sols, 508 
Enantiotropy, 217, 219-20 
Endothermic, 292 
Energy changes, 535-6 
Enthalpy, 296 
Entropy, 541-50 
Enzymes, 352 
Eosin, 516 
E6tvos equation, 491 
Equilibrium constant, 308-9, 314-18, 

320, 322, 333, 549 
and free energy, 549 
change with temperature, 549 

Equivalent conductivity, 366 
Equivalent mass, definition of, 6 

measurement of, 10-15 
of chlorine, 12, 13 
of hydrogen, 11 
of nitrogen, 12 
of silver, 14 

Ester formation, 315 
Ester hydrolysis, 312 
Ethanol decompostion of, 346 
Ethene, 178 
Ethyl acetoacetate, 203 
Ethyene, bonding in, 179 
Ethyne, bonding in, 179 
Eutectic mixture, 256-7 
Eutectic point, 256-7 
Exchange adsorption, 499-502 
Exchange of solvent, 509 
Exchange rates, 139 
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Exclusion principle, 109 
Exothermic, 292 
Extensive property, 535 

Face-centred cube, 209 
Fajans’s rules, 165, 406 
Faraday constant, 89 
Faraday’s laws of electrolysis, 88-9 
Fast fission breeder reactor, 153 
Fast reactor, 153 
Fehling’s solution, 485 
Fermi, 148 
Ferromagnetism, 171 
First-order reactions, 337 
Fission of uranium, 149 
Flash photolysis, 344 
Flowing mercury cathode, 443 
Flow method, 317 
Fluorescein, 516 
Fluorite structure, 170 
Fractional crystallisation, 232 
Fractional distillation, 247 
Fractionating column, 247 
Fractionating tower, 247 
Frankland, 22 
Franklin, 409 
Frazer, 284 
Free energy, 539-50 
Free radicals, 343-8, 478 
Freezing equilibrium, 315 
Freezing point constant, 273 
Freezing point of solutions, 272-5 

and vapour pressure, 272-3 
Freundlich adsorption isotherm, 496— 

7, 499 
Friedel-Crafts’ reaction, 356 
Friedrich, 96, 214 
Fructose, 314 
Fundamental particles, 83, 146 
Fusion mixture, 261 
Fusion of atoms, 154 

Galvani, 88 
Galvanised iron, 460 
y-rays, 98 
Gas chromatography, 504 
Gas constant, 37 
Gas density, 40-2 
Gaseous diffusion, 38, 131 
Gas equation, 37 
Gas laws, 35-42 

deviations from, 72 
Gay-Lussac’s law, 42, 45 
Geiger, 100 

375 

Geiger counter, 137 
Geiger—Miiller, 137 
Gelatine, 510 
Gels, 508, 510-11 
General acid catalysis, 358 
General basic catalysis, 358 
Germer, 117 
Giant molecules, 162 
Gibbs, 522, 534 
Gibbs free energy, 539 
Gibbs—Helmoltz equation, 548 
Gilbert, 88 
Glaser, 137 
Glass electrode, 431 
Glucose, 314 
Glycine, 412 
Gold number, 520 
Goldstein, 90, 126 
Graham, 507, 517 
Graham’s law of diffusion, 1, 38, 69 
Gramme-atom, 49 
Gramme-equivalent, 49 
Gramme-molecule, 49 
Graphite, 204, 212, 221 
Graphitic compounds, 212 
Gray, 12 
Greensands, 499 
Grotthus, 347 
Guldberg, 306 

Haber process, 324-6, 548 
Hahn, 148 
Half-cell, 424 
Half-life method, 339 
Half-life period, 122 
Half-wave potential, 447 
Harcourt-Esson reaction, 313 
Hardy-Schulze rule, 515 
Hartley, 285 
Heat content, 296, 536 
Heat of atomisation, 172, 293, 301-2 
Heat of combustion, 293, 297-8 
Heat of dilution, 295 
Heat of formation, 293, 300-1 
Heat of hydrogenation, 293, 302-3 
Heat of ionisation, 300 
Heat of neutralisation, 293, 299-300, 

334 
Heat of reaction, 292, 295-7, 331, 

541-5 
Heat of solution, 295 
Heat of sublimation, 172 
Heavy water, 129 
Heisenberg, 120 
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Helmoltz double layer, 425 
Helmholtz free energy, 539 
Henry’s law, 233, 240, 265 
Hertz, 98, 103 
Hess’s law, 293 
Heterogeneous catalysis, 355 
Heterogeneous reactions, 318-19 
Heyrovsky, 446 
Hittorf, 90, 450, 452 
Hofmann’s method, 60 
Holmes, 499 
Homogeneous catalysis, 355 
Homolytic fission, 344 
Honigschmidt, 15 
Hiickel, 377 
Humboldt, 42 
Hund, 113 
Huyghens, 117 
Hybrid bonds, 178 
Hybridisation, 177 
Hybrid orbital, 177 
Hydration energy, 545 
Hydration of ions, 166, 455 
Hydrides, association of, 200 
Hydrides, metallic, 212 
Hydrogenation, 302 
Hydrogen atom, 107 
Hydrogen bomb, 154 
Hydrogen bond, 198-203 
Hydrogen bromide, 342 
Hydrogen chloride, 343 
Hydrogen electrode, 426 
Hydrogen fluoride, 198 
Hydrogen iodide, 316, 341 
Hydrogen ion concentration, 392 
Hydrogen molecule, 174, 194 
Hydrogen peroxide, decomposition of, 

310-11 
Hydrogen scale, 20 
Hydrolysis constant, 416 
Hydrolysis, degree of, 418, 420 
Hydrolysis of esters, 312 
Hydrolysis of salts, 393, 414-22 
Hydronium ion, 406 
Hydrophilic groups, 493 
Hydrophobic groups, 493 
Hydroxides, amphoteric, 411 
Hydroxides of Group 3, 383 
Hydronium ion, 361, 406 
Hyperons, 147 
Hypothesis, 1 

i, 276 
Ice, structure of, 200-1 

Index 

Ice-water-water vapour system, 524— 
5 

Ideal gas, 35 
Ideal solution, 243 
Immiscible liquids, 251-2 
Indicators, 395-401 
Inductive effect, 187 
Inhibition, 346 
Instability constant, 482 
Intensive property, 535 
Intermediate compound theory, 355 
Internal energy, 296, 535 
Interstitial solid solution, 212 
Intrinsic energy, 296, 535 
Intrinsic semi-conductors, 197 
Invariant system, 525 
Inversion of cane-sugar, 314 
Invert sugar, 314 
Jon exchange, 499 
Ion exchange membranes, 502 
Ionic bond, 158, 164-73 
Ionic character, 186 
Tonic crystals, 159, 168-71 
Ionic interference, 362, 370, 377 
Ionic mobility, 369, 458 
Ionic product of water, 390 
Ionic radii, 167 
Ionic structures, stable, 164 
Tonic theory, 362 
Ionisation constant, 373, 376-7 
Ionisation, degree of, 361 
Ionisation energy, 166 
Ionising radiation, 348 
Ion-pair, 158, 169, 172 
Ions, ease of formation, 166 

formation of, 360 
limitations to formation, 164 

Iron(im) chloride, hydrates of, 260 
Iron(11) oxide, 212 
Iron(i1) sulphide, 212 
Irreversible change, 537 
Irreversible sols, 508 
Iso-electric point, 516 
Isomorphism, 24, 210 
Isosmotic, 286 
Isoteniscope, 265 
Isothermals, 35, 74 
Isotonic, 286 
Isotopes, 85, 126, 128-30 

separation of, 131-2 
uses of, 138 

IUPAC, 131, 428, 474 

Johnstone Stoney, 88 
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Kekulé structures, 193 
Kelvin scale, 36 
Keto-enol tautomerism, 203, 357 
Kinetic order, 336 
Kinetic theory, 1, 66-82, 322 

and liquids, 78 
and solids, 80 
fundamental equation, 68 
outline, 66 
summary of uses, 81 

Knipping, 214 
Kohlrausch’s law, 369 
Kolbe reaction, 345, 478 
Kopp, 491 
Kossel, 158 

Landolt, 2 
Landsberger—Walker method, 270 
Langmuir, 494 

adsorption isotherm, 497-8 
Lanthanides, 29, 117 
Lanthanons, 29, 117 
Latent heat of evaporation, 80, 275 
Lattice energy, 173, 545 
Laurencium, 141 
Lavoisier, 1, 2 
Law of combining volumes, 1, 42 
Law of conservation of mass, 1, 2, 18, 

294 
Law of conservation of energy, 535 
Law of constant composition, 1, 4, 19 
Law of constant heat summation, 293 
Law of definite proportions, 4 
Law of equilibrium, 309 
Law of equivalents, 6, 19 
Law of isomorphism, 24 
Law of mass action, 306 
Law of multiple proportions, 1, 5, 19 
Law of octaves, 25 
Law of partial pressures, 42, 69 
Law of reciprocal proportions, 1, 6 
Laws of chemical combination, 1 
Laws of dilute solutions, 263 
Laws of electrolysis, 88-9 
Laws of photochemistry, 347 
Layer lattices, 204 
Lead chamber process, 356 
Le Chatelier’s principle, 227, 240, 321, 

323, 526 
Lewis, 159 
Lewis theory, 410-11 
Ligands, 480 
Limiting current, 447 
Limiting density, 56 

S1t 

Line spectrum, 104 
Liquid ammonia, 410 
Liquid surfaces, 490-5 
Lodge, 456 
Lone pair, 162 
Lothar Meyer, 25 
Lowering of freezing point, 272-5 
Lowry, 407 
Lucretius, 2, 18 
Lyman, 104 
Lyophilic sols, 508, 510-11, 518-20 
Lyophobic sols, 507, 509-10, 512-18 

Macleod’s equation, 491 
Magnesium-zinc mixture, 259 
Magneson, 498 
Magnetic moment, 171 
Magnetic quantum number, 109 
Magnox, 151 
Manganese(Iv) oxide, 356 
Manley, 3 
Marsden, 100 
Mass action, law of, 306 
Mass defect, 141 
Mass number, 141 
Mass spectrograph, 126 
Mass spectrometer, 127 
Maximum work function, 539 
Maxwell, 541 
Maxwell’s distribution law, 71, 330 
Mean free path, 72 
Mendeléef, 25, 28 
Mercaptans, 201 
Mercury(1) iodide, 217 
Mesons, 147 
Metallic bonding, 196-8 
Metallic couples, 460 
Metallic hydrides, 212 
Methanol, synthesis of, 543 
Microbalance, 41 
Migration of ions, 450 
Millikan, 93 
Miscible liquids, 243-50 
Mitscherlich, 24, 210 
Mixed crystals, 211 
Moderator, 152 
Molal concentration, 226 
Molar concentration, 226 
Molar conductivity, 366 

of ions, 369 
Molar depression constant, 273 
Molar elevatfon constant, 268 
Molar free energy, 540 
Molar gas constant, 39 
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Molar heat, 77 
Molar volume, 49, 491 
Mole, 48 
Molecular crystals, 161 
Molecularity, 336 
Molecular orbitals, 174 
Molecular velocities, 70-1 
Molecular weight, 47 
Mole fraction, 227 
Monotropy, 217, 220-1 
Moore, 202 
Morley, 11 
Morse, 284 
Moseley, 96, 114 
Moving boundary method, 454 
Multiplication factor, 151 
u-meson, 147 
Muon, 147 

Neddemeyer, 147 
Negative catalysts, 352 
Nessler’s solution, 483 
Net work, 539 
Newlands, 25 
Newton, 117 
Neutrino, 147 
Neutron, 83, 101 
Neutron/proton ratio, 144 
Nicholson, 88 
Nickel and cobalt, separation of, 503 
Nier, 128, 148 
Nitramide, 358 
Nitrate(v) ion, 192 
Nitrobenzene, reduction of, 446 
Nitrocellulose, 511 
Nitrogen oxide, 191, 323, 326, 346 
Nitro group, 192 
Nitronium ion, 409 
Nitryl cation, 409 
Nobelium, 141 
Noble gases, 29, 41, 116 
Nodal plane, 175 
Nollet, 281 
Non-aqueous solvents, 409 
Non-localised orbitals, 194 
Noyes, 11, 13 

n-type semi-conductor, 197 
Nuclear chain reaction, 149 
Nuclear energy, 148-55 
Nuclear fission, 148 
Nuclear fusion, 153 
Nuclear reactions, 135, 140, 148 
Nuclear reactor, 151 
Nuclear stability, 141 

Index 

Nuclear structure, 144 
Nucleons, 141 
Nucleophilic, 342, 411 
Nucleus of atom, 84, 100, 135 

Oil-drop apparatus, 93 
One-component systems, 524-9 
Onsager equation, 377 
Orbital, 118 
Orbits, electronic, 111 
Order of reaction, 336-9 
Osmosis, 280 
Osmotic pressure, 283, 517 

and gas laws, 286-7 
and vapour pressure, 288 
definition, 284 
measurement of, 284-6 

Ostwald, 396 
Ostwald’s dilution law, 373-4 
Ostwald’s isolation method, 339 
Ostwald—Walker method, 266 
o-substituted compounds, 202-3 
Overgrowths, 211 
Overvoltage, 435, 440 
Oxidation, 411, 467-78 

anodic, 445 
Oxidation number, 472 
Oxidation state, 472 

Oxidising agent, 411, 467, 477 
Oxonium ion, 361 
Oxygen, allotropy of, 221 

isotopes of, 130 
Ozone, 221 

Packing fraction, 143-5 
Pair annihilation, 146 
Paneth, 344 
Paper chromatography, 503 
Parachor, 490 
Paramagnetism, 171 
Partially miscible liquids, 252-4 
Particles and waves, 117 
Partition coefficient, 233, 421 
Partition law, 233 
Pascal, 553 
Paschen, 104 
Passivity, 465 
Pastes, 508 
Pauli principle, 109 
Pectin, 511 
Pepsin, 510 
Peptisation, 510 
Perfect gas, 35 
Perfect solution, 243 
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Periodic table, 25-31, 114-17 
Permutites, 499 
Perrin, 91, 520 
Pfeffer, 284 
Pfund, 104 
pH, 390-404 

change during titration, 392 
definition, 392 - 
measurement of, 402 
meter, 404, 431 
of salt solutions, 419-20 

Phase, definition of, 522 
Phase rule, 522-32 
Phenyl ammonium chloride, hydrolysis 

of, 421 
Phosphoric(v) acid, titration of, 400 
Phosphorus, allotropy of, 220 
Photochemical decomposition, 344 
Photochemistry, 346 
Photoelectric effect, 98, 117, 165 
Photographic emulsion method, 138, 

146 
Photo-multiplier, 138 
Physical adsorption, 495 
Physical atomic weights, 31, 130 
n-bond, 175 
x-electrons, 175 
nm-meson, 147 
m-orbitals, 174 
Pinch effect, 155 
Pion, 147 
Pitchblende, 97 
pK, 397 
Planck, 105 
Planck constant, 105 
Plato, 2 
Pliicker, 91 
Poisoning, 353 
Polarimeter, 314 
Polarisation, 439 
Polarogram, 447 
Polarography, 446-8 
Polybasic acids, 376 
Polydentate group, 481 
Polymorphism, 217-18 
p orbitals, 119 
Positive rays, 126 
Positron, 146 
Potassium chromate(v1), as indicator, 

384 
Potassium dichromate(v1), 469, 472 
Potassium manganate(v1), 478 
Potassium manganate(v1), 468, 472, 

477, 478 
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Potassium permanganate, 468, 472, 
476, 477 

Potentiometric titration, 431 
Powell, 147 
Principle quantum number, 108 
Promoters, 353 
Propanore, bromination of, 340 
Protective action, 519 
Protogenic solvent, 408-9 
Proton, 83, 100 
Proton acceptor, 407 
Proton binding, 199 
Proton donor, 407 
Protophilic solvent, 408-9 
Proust, 1, 4 
Prout, 141 
Pseudo-first-order reactions, 340 
p-type semi-conductors, 197 
Pyknometer, 239 

Quantum mechanics, 118 
Quantum number, 108-10 
Quantum theory, 105 
Quantum yield, 347 

Radiation chemistry, 347 
Radioactive decay constant, 123 
Radioactive disintegration, 122, 340 

series, 124-5 
types of, 123-4 

Radioactive isotopes, 135, 138 
Radioactivity, 96-8 
Radiolysis, 348 
Raoult’s law, 243, 263-5 

deviations from, 244 
Rare earths, 29, 117 
Rast’s method, 275 
Rate constant, 307 
Rate-determining step, 336 
Rate of reaction, 306-14 
Rayleigh, 40 
Reaction mechanism, 339-48 
Reaction paths, 332-3 
Recrystallisation, 231 
Redox equations, 475-6 
Redox potentials, 469-72 
Redox reactions, 467-8 
Reducing agent, 411, 467, 477 
Reduction, 411, 467-78 

cathodic, 446 
Regnault, 40 
Relative atomic mass, 20, 31, 130 

definitions, 20, 31, 130 
early values, 22 
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Relative atomic mass—contd. 
measurement of, 22, 31 
values, 568 

Relative density, 40, 47 
Relative molecular mass, 47 

measurement of, 55-61, 268, 273, 
288 

Resinous electricity, 88 
Resonance, 185-95 

examples of, 191-5 
Resonance energy, 186 
Reverse osmosis, 290 
Reversible change, 537 
Reversible reaction, 308 
Reversible sols, 508 
Rey, 2. 
Richards, 15 
Richards’ method, 275 
Richter, 1, 6 
Rochelle salt, 485 
Rontgen, 96 
Root mean square, 67 
Roscoe, 25 
Rouelle, 406 
Rubber solution, 511 
Russell, 86 
Rust, 462, 484 
Rusting, 462-5 
Rutherford, 97, 99, 105, 135 
Rutile structure, 170 
Rydberg constant, 104 

Sachtleben, 15 
Sacrificial coating, 460 
Salt effects, 358 
Salt hydrates, 530-2 
Salt hydrolysis, 393, 414-22 
Salting out of soap, 382 
Salt, purification of, 382 
Saturated solutions, 228 
Schrodinger, 118 
Schwarzenbach, 481 
Schweizer’s solution, 483 
Scintillation counter, 138 
Seaborg, 140 
Second-order reactions, 338 
Sedimentation, 520 
Sedimentation potential, 515 
Selective adsorption, 502 
Selective discharge, 435 
Semi-conductors, 138, 197-8 
Semi-permeable membrane, 280, 290 
Semi-polar bond, 163 
Semi-polar double bond, 163 

Index 

Sequestration, 486 
Sequestrol, 486 
SGHWR, 153 
o-bond, 175 
o-electrons, 175 
o-orbitals, 174 
Silica, 218 
Silica gel, 511 
Silver-gold mixture, 260 
Simple cubic structure, 209 
SI units, 552 
Syl reaction, 342 
Syn2 reaction, 342 
Soap gels, 511 
Sodamide, 410 
Soddy, 86, 126 
Sodium carbonate, titration of, 398 
Sodium chloride gel, 511 
Sodium chloride, structure of, 169 
Sodium nitrate(v)—-water system, 257 
Sodium polyphosphate, 486 
Solid ethanol, 511 
Solid solution, 211-12, 260 
Solid surfaces, 495-9 
Solubility, and solubility product, 386 

of gases in liquids, 238-42 
of ionic solids, 545 
of salts in acids, 385 
of solids in liquids, 227-35 
of sparingly soluble salts, 386 

Solubility curves, 229 
Solubility product, 381-7 
Soluble anode, 436, 442, 451 
Solutions, general terms, 226-7 

of gases in liquids, 238-42 
of liquids in liquids, 243-54 
of solids in liquids, 227-35 
solidification of, 256-7 

Solvation energy, 545 
Solvent extraction, 235 
s orbitals, 119 
Sorensen, 392 
Space lattice, 208 
Specific heat capacity, 22 
Specific heat capacity of cases, 77-8 
Specific latent heat, 80, 275 
Spectra, 103-5; 
Spectra] series, 104 
Spence, 499 
Spin quantum number, 109 
Spinthariscope, 98, 138 
Stability constants, 482 
Standard electrode potentials, 426 
Standard entropies, 547 
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Standard free energies of formation, 
547 

Standard heats of formation, 300 
Starch, 510 
Stas, 4, 14 
State function, 535 
Stationary state, 343 
Stationary states, 106 
Statistical mechanics, 534 
Steam distillation, 252 
Steam, reaction with iron, 319 
Stellar energy, 154 
Stock system, 474, 480-1 
Stoichiometry, 5 
Stokes’s law, 93 
Strassman, 148 
Streaming potential, 515 
Strong electrolytes, 362, 366, 370, 374 

anomaly of, 374, 377 
Sublimation, 80, 528-9 

heat of, 172 
Subnuclear particles, 146 
Subsidiary quantum number, 108 
Substitutional solid solution, 212 
Sucrose, 314 
Sugden, 491 
Sulphate(vi) ion, 192 
Sulphides of Groups 2 and 4, 384 
Sulphur, allotropy of, 219, 544 

phase rule study of, 526-8 
Supercooling, 526 
Supersaturated solution, 228 
Surface area, 495 
Surface catalysis, 355 
Surface effects, 490-505 
Surface energy, 490 
Surface films, 492-3 
Surface tension, 79, 490-2 
Suspensoid sols, 508 
Svedberg, 520 
Synthetic resins, 499 

Teepol, 493 
Temperature-composition diagrams, 

257-61 
Tetra-ethy] lead, 346, 352 
Tetra—methyl ammonium hydroxide, - 

202 
Tetra—methy]l lead, 344 
Tetrammine-copper(1) ion, 482, 483 
Theories, 1 
Thermal diffusion, 132 
Thermochemical calculations, 294-5 
Thermochemistry, 292-303 
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Thermodynamic function, 535 
Thermodynamics, 534-50 

first law of, 534 
second law of, 538-9 

Thermonuclear fusion, 155 
Thomsen, 540 
Thomsen-Bohr periodic table, 29 
Thomson, 83, 91 
Thorium series, 124 
Tin, allotropy of, 219 
Tin plague, 220 
Tin plate, 461 
Tiselius, 514 
Titration curves, 394 
Titrations, 392-401 
Townsend, 92 
Tracer techniques, 138 
Transitional elements, 28, 116 

catalytic activity of, 354 
Transition temperature, 217, 222-4 
Transport numbers, 450-8 
Trans-uranic elements, 140-1 

separation of, 504 
Tridendate group, 481 
Trimorphism, 217-18 
Triple point, 36, 525 
Trioxygen, 221 
Tritium, 129 
Two-component systems, 529 
Tyndall cone, 512 
Tyndall effect, 512 

Ultra-centrifuge, 520 
Ultra-microscope, 512 
Uncertainty principle, 119 
Unit cell, 208 
Units, 142, 552 
Univariant system, 524 
Universal indicator, 396 
Uranium, fisson of, 149 

isotopes of, 130 
Uranium series, 125 
Urany] ion, 347 
Urey, 129 

van der Waals’ adsorption, 495 
van der Waals’ equation, 73, 75-7 
van der Waals’ forces, 204 
van’t Hoff, 276, 286 
van’t Hoff isochore, 549 
van’t Hoff isotherm, 549 
van’t Hoff’s factor, 276 
Vapour chromatography, 504 
Vapour density, 40 
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Vapour pressure, 79 
measurement of, 265-7 

Vapour _ pressure-composition 
grams, 245 

Vapour pressure of solutions, 243, 
263-7 

Velocity constant, 306-8, 320, 322, 330 
Velocity focusing, 127 
Versene, 486 
Victor Meyer’s method, 57 
Viscosity, 72 

of sols, 518, 519 
Vitreous electricity, 88 
Volta, 88 
Voltaic pile, 88 
von Laue, 96, 214 
von Weizsacker, 154 

dia- 

Waage, 306 
Walton, 135 
Washburn, 129 
Water, formation from elements, 545, 

548 
Water gas reaction, 326, 543 
Water glass, 511 

Index 

Water purification, 500-2 
Water softening, 486, 500-1 
Wave mechanics, 118 
Weak bases, 376 
Weak electrolytes, 361, 366, 370, 374 
Werner, 480 
Wheatsone bridge, 363 
Wilson, 136 
Windscale, 152 
Winmill, 202 
Work function, 539 
Wurtzite structure, 183 

X-ray analysis, 213-17 
X-rays, 96, 115 
X-ray spectra, 114 

Yukawa, 146 

Zeolites, 499 
Zinc blende structure, 183 
Zinc-cadmium mixture, 258 
Zinc oxide, 217 
Zsigmondy, 512, 520 
Zwitterion, 412 
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