





























PREFACE

IN writing this volume, which is designed for both technical men and
students, I have treated the subject primarily from the standpoint of
the theory and principles involved, being convinced that through
their thorough comprehension the best results are to be obtained in
practice. At the same time I have endeavoured to describe accurately
and with a certain amount of detail the methods at present technically
used. Such a book (Grundriss der technischen Elektrochemie) was
- written in 1898 by my teacher Professor F. Haber, but, though reprinted,
has not been brought up to date or translated into English.

The present book falls into two sections. Assuming an elementary
knowledge of chemistry and electricity, Part I. is chiefly concerned
with the treatment of the fundamental phenomena and theory of the
electrochemistry of aqueous solutions. Particular stress is laid on
irreversible effects, which though of very great importance in technical
electrochemistry, seldom receive the attention they deserve. My
great debt to Professor F. Foerster’s Elektrochemie wisseriger Losiingen
will here, as at certain points in Part IT., be clear to all. Other chapters
deal generally with the electrolysis of fused melts, electrothermics,
and the discharge of electricity through gases. A chapter on Equili-
brium is included. I have tried as far as possible to introduce no more
theory than-is applied at some point or other during the book, and
employ frequent illustrative examples, numerical or otherwise.

Part II. treats separately of the various technical processes used,
discussing ¢nfer alia primary and secondary cells. Here I have aimed
in the first instance at an adequate description of all those methods
actually worked at the present time. Other processes are only dis-
cussed if (1) they are likely to be used in the near future, (2) although
obsolete, they have considerable historical value, (3) although they
have never passed the experimental stage, the reasons for their failure
are instructive. Throughout I have attempted to show the close
connection between theory and practice, to treat the available material
critically, and to exclude  paper ’ processes. The diagrams are designed
to emphasize the main features of the apparatus concerned, not so much
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its details. Many working details are omitted in the text also, as
further are statistics and questions of costs. To deal with such
matters would materially alter the scope of the book. The important
subject of power production is however briefly discussed in Part I.

I owe to Professor ¥. G. Donnan, F.R.S., who proposed to me in the
first instance the writing of this book, and who has criticised practically
. the whole of the manuscript, my warmest thanks for his many sugges-
tions. To Mr. G. F. Horsley, of the United Alkali Co. Ltd., I am much
indebted for his valuable criticism of most of Part I. He and Dr. J. T.
Barker have read through the proofs, and Mr. F. D. Farrow has kindly
verified the literature references.

For new data, permission to use diagrams, &c., I owe acknowledge-
ments, amongst others, to Professor P. Askenasy; Professor W. D.
Bancroft ; Dr. J. Billiter; Mr. V. Engelhardt; Mr. R. Finlay;
Professor F. Foerster ; Professor P. A. Guye; Mr. W. E. Holland ;
the Reason Manufacturing Co. Ltd.; the American Electrochemical
Society ; the Faraday Society; the publishing firms J. A. Barth
(Leipzig), L. Foss (Leipzig), W. Knapp (Halle), F. Vieweg (Braun-
schweig).

In conclusion I need hardly say that I shall be most grateful for any
corrections on points of fact or for suggestions for improved treatment.

" To those who wish to study the subject further, I recommend, besides
the books of Haber and Foerster mentioned above and the numerous
volumes referred to at the ends of the different chapters, the following :

Einfiihrung in die technische Elektrochemie (edited by Askenasy).

Die elektrochemischen Verfahren der chemischen Gross-Industrie
(Billiter).

Laboratory Electric Furnaces (Slade ; about to be published).

Continuous Current Engineering (Hay).

Alternating Currents (Hay).

The first two books are particularly valuable for technical details ;
the third treats of laboratory experimental methods; the last two
deal with the electrotechnical side of the subject in an elementary
manner.

A. J. ALLMAND.
Liverroor,

September, 1912,
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CHAPTER 1
INTRODUCTORY—POWER
1. Chemical and Electrochemical Methods Compared

CHEMICAL reactions can be divided into two classes—those which give
out energy (usually in the form of heat), and those which absorb energy,
whilst they are taking place. Examples of the former class are the
combustion of fuels, the Goldschmidt Thermite processes, the slaking
of lime. To the latter class belong the reduction of metals from their
ores, and the formation from their elements of oxides of nitrogen or
metallic carbides.

Electrochemical reactions can be similarly divided. Those which
proceed with liberation of energy are not so important practically as
those of the second kind, and will occupy little space in this book. The
reaction being electrochemical, the liberated energy appears as electrical
energy, and the systems in which the reaction takes place are known
as primary cells, The Daniell cell is an example. The corresponding
reaction is

Zm -+ CuS0,—> ZnSO, 4+ Cu

and, when allowed to take place chemically, liberates its energy as
heat. ’

On the other hand, electrochemical processes of the second kind—
those which take place with absorption of electrical energy—have
achieved very considerable technical significance, frequently sup-
planting a pureiy chemical process, and in some cases furnishing new
products which could hardly be obtained in any other way. Thus
copper is now chiefly refined electrochemically ; the bulk of the world’s
chlorate production is made electrochemically ; the electrochemical
production of caustic alkali and bleach becomes continually more
important ; whilst the manufacture of aluminium, of CaC, (and hence
acetylene), and of nitrates from the air could not have reached their
present proportions without the introduction of -electrochemical
methods.

In chemical processes, the necessary supply of energy is usually
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4 “PRINCIPLES:OF APPLIED ELECTROCHEMISTRY [cHar.

introduced as heat. This often results in considerable wear and tear
of plant, and in products rendered impure by the fuel used. Further,
it often happens that the simplest and most direct (on paper) of purely
chemical methods for reaching a certain result cannot be used, owing
to great reaction resistances, or to the impossibility of converting heat
energy into chemical energy under the given conditions. And conse-
quently several successive reactions have to replace a single direct one.
Thus, to obtain aluminium from alumina, the old chemical process
consisted in preparing AlCl; by passing chlorine gas over a mixture of
the alumina with carbon, forming a double salt of AlCl; with NaCl, and
reducing this double salt by heating with metallic sodium.

Electrochemical processes differ in the following respects :—

(a) the energy needed is usually introduced as electrical energy, not
as heat ;

(b) when introduced as heat, the heat is produced from electrical
energy just where it is needed, not by means of furnaces or flue gases ;

(c) the processes are generally simpler and more direct than the
corresponding chemical processes ;

(d) in consequence of (a) and (b) the products are usually purer;

(¢) the wear and tear of plant is generally less.

On the question of the relative costs of chemical and electrochemical
processes, it is impossible to generalise. Sometimes one is the cheaper,
sometimes the other. It is a matter decided by numerous factors
which vary with each separate case, such as the local power charges,
their cost compared with that of raw material, the relative charges for
labour and maintenance of plant, the purity of product required, ete.
Sometimes the electrochemical method is more expensive, but gives a
purer product and is therefore preferably used.

Electrochemical processes should always be of as simple a nature as
possible. This statement of course holds good of any kind of technical
chemical operation, but particularly of electrochemical ones. They
cannot ‘stand such hard knocks’ as chemical processes can, and
generally only work satisfactorily when run under constant conditions.
Simplicity is therefore of importance. The raw materials used should
also be as pure as possible. 'When once impurities begin to accumulate,
the efficiency of an electrochemical process usually decreases very
rapidly. The most successful electrochemical processes are those in
which a constant supply of a raw material of high purity and constant
composition is assured. If impure, it will usually pay to subject it
to a preliminary chemical purification.

2. Electrical Units

Electrical energy, like all other kinds of energy, can be divided into
two factors, the quantity factor and the intensity factor., The possibility
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of a change taking place in the energy content of a system is deter-
mined by the intensity factor only, the extent of the change by both
factors. Whether or not a quantity of water can move spontaneously
from one level to another is determined in the first instance by the
relative heights of the two levels. If movement does take place, the
change of potential energy is expressed by the product of the weight
of water which has flowed down into the difference in height between
the two positions. Here difference in height is the intensity factor,
weight of water the quantity factor. A possible transference of heat
energy from one part of a system to another is decided by the difference
in temperature between the two regions—the intensity factor of the
heat energy. Excluding the effect of passive resistances, it is the
affinity of a chemical reaction which decides whether it will set in or
not ; whilst the amount of chemical energy transferred in such a
reaction is given by the product of the affinity of the reaction and the
quantity of matter which has been transformed.

Similarly, electrical energy has its intensity factor, potential
difference (E), and its quantity factor, quantity of electricity. The
former determines the direction of transference of electrical energy, the
product of the two quantities determines the magnitude of the change.

From these fundamental conceptions we can directly pass on to
others. When the energy content of a system is increasing or de-
creasing (7.e. when work is being done on or by the system), the change
of energy per unit time (the rate of consumption or production of work)
is termed the power. In the same way, when a transference of
electricity takes place across a certain point, the quantity which passes
per unit of time is termed the current? (I). Finally, the rate at which
electricity can pass between two points at different electrical potentials
is directly proportional to the magnitude of this potential difference,
and also depends on the nature of the path along which the current
travels.

The relation may be expressed in the form

I==

R
where R is called the resistance of the conductor (Ohm’s Law). If
the resistance be great, the current passing for a given difference of

potential will be small, and vice versd.
In deciding on the units? to serve for the measurement of these

! The current flowing across any point, divided by the area of the conductor at
that point at right angles to the direction of the current, is called the current
density.

* The units here defined were specified by the International Conference on
Electrical Units and Standards, 1908. They are known as the international units.

Ohms and volts of slightly lesser magnitude were used some years back, but need
no further mention here.
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magnitudes, it has been found most convenient to define first the units
of resistance and current, and to deduce from these the units of potential,
energy, power and quantity of electricity. The first primary unit
is that of resistance, the ohm, which is defined as the resistance offered
to an unvarying electric current by a column of mercury at the tempera-
ture of melting ice, the column to be 14-4521 grams in weight, of a
constant cross-sectional area, and of a length of 106:300 e¢m. The
second primary unit is that of current, the amperé. As we shall
see later,! when electricity is passed through a solution of a metallic
salt in water, the salt is decomposed, and in many cases the metal is
deposited in the free state. It hasbeen found that the phenomenon is a
quantitative one, and the ampere is defined as the unvarying electric
current, which, when passed through a solution of AgNO; in water,
deposits silver at the rate of 0:00111800 gram per second. It is
specified * that the AgNO, solution shall contain 15-20 grams salt
to 100 grams distilled water. The solution must only be used once,
not less than 100 c.c. at a time, and not more than 30 per cent. of
the metal must be deposited. The current density must not exceced
002 amp. /em.? at the cathode,® and 0-2 amp. /em.? at the anode.®

From this follows directly the definition of the unit quantity of
electricity—the coulomb—as that quantity of clectricity which, when
passed through a solution of silver nitrate, will deposit 0:00111800 gram
of silver.

The unit of potential difference or electrical pressure is the volt,
defined as that potential difference or voltage which, when steadily
applied to a conductor whose resistance is one ohm, will produce a
current of one ampere.*

The unit of power is the watt, and is defined as the rate at which
energy is expended by an unvarying electric current of one ampere,
flowing under an electric pressure of one volt. Finally, the unit of
electrical energy, the watt-second or joule, is defined as the energy
expended in one second by an unvarying electric current of one ampere
flowing under an clectric pressure of one volt. For technical uses, the
power and energy units are inconveniently small, and others have been
introduced. Of power units we have the kilowatt (K.W.), which is
1,000 watts, and the horse-power (H.P.), which is 746 watts.® Corre-
sponding to these are the energy units, kilowatt-hour ¢ (K.W.H.) and

} P 26. 2 Cf. also p. 32. 3 Loc. cit.

4 For purposes of voltage comparison, certain standard cells, furnishing accurately
known and constant potential differences, can be conveniently employed. Tho
best known is the Weston normal element with a potential of 1'0184 volts at 20°.
(See p. 91.) The potential difference given at the terminals of a primary cell
(such as the Weston element) is known as the electro-motive force (E.M.E.) of the.
cell.

® 'The horse-power in use in Germany is 736 watts.

¢ The Board of Trade unit (B.T.U.).
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horse-power-hour (H.P.H.), which represent the energy consumption
per hour of systems absorbing energy at the respective rates of one
kilowatt and one horse-power. [

In the course of this book we shall have to consider the quantitative
relations existing between electrical energy on the one hand and heat
energy on the other. These relations are expressed by the equations :—

1 joule = 0-23865 gram-calorie (units of heat energy, written cal.).

1 kilo-joule (K.Wg.) = 023865 kilogram-calorie (written Cal.),
and inversely :—

1 cal. = 4:189 joule W W
1 Cal. = 4:189 K.WE. S, R ] o~

A few simple calculations are here appended.

1. A current is kept flowing along a,wire of 160 ohms resistance by means of
a constant potential difference of 20 volts. The whole of the electrical energy
consumed is turned into heat by the wire. What is the power used, and how
many gram-calories are produced per hour ?

E 20
SR TOOLa 0-125 amp.
Power used = 0:125 x 20 watts

= 2'5 watts,
Joules used = 25 per second

=25 x 3,600 per hour.
2-5 x 3,600
T 4189

Calories produced per hour = = 2,148 cals.

2. A small alkali-chlorine plant is driven by means of three dissimilar dynamos.
The first—400 H.P.—gives 4,000 amperes at full load, the smaller ones give
15 K.W. at 15 volts and 80 H.P. at 60 volts respectively. The alkali-chlorine cells
number thirty. Each takes 2,500 amperes at 5 volts, including all leads and
connections. How must dynamos and cells be arranged ?

Assuming 1 H.P. = 750 watts, which is accurate enough for the present purpose,
we calculate that the dynamos give respectively :—

(a) 400 x 750 = 300,000 watts

= 4,000 amperes at 75 volts.
(b) 15 x 1,000 = 15,000 watts

= 1,000 amperes at 15 volts,
(c) 80 x 750 = 60,000 watts

= 1,000 amperes at 60 volts.

If (b) and (c) are run in series, they will yield 1,000 amperes at 75 volts. But
this is the voltage of (a), and hence the combination of (b) and (c) can be run in
parallel with (@), the whole yielding 4,000 4 1,000 = 5,000 amperes at 75 volts.
If the cells were all run in series, they would need 2,500 amperes at 5 x 30 = 150
volts. To adjust them to the dynamo conditions, they must be run in two parallel
series of fifteen cells. Each branch then requires 2,500 amperes at 75 volts, or
altogether 5,000 amperes at 75 volts, which is what the dynamos can supply.

3. An electric-steel induction furnace consumes 170 K.W. and produces 47
tons of steel per day by melting up together a mixture of scrap wrought-iron and
washed pig-iron. The heat content of the meclted product is 350 Cals. per kilo.
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What is the electrical energy required per ton of steel produced 2 What is the
thermal efficiency of the furnace ? If one-third of the material used were added
molten, already containing 275 Cals. per kilo., what would be the production per
day, and the power required per ton of product ?*
(a) Energy used per ton of steel
0 x 24
= 10X soxwa
4-7
(b) Heat cquivalent of elcctrical energy consumed in furnace per ton of
product
= 0239 x 60 x 60 x 870 Cals.
Heat content per ton of product
= 1,000 x 350 Cals.
Thermal efficiency of furnace
1,000 x 350
0239 x 60 x 60 x 870
= 47 per cent.

(c) Heat supplied with starting material

=275 x % Cals, per kilo.

. = 92 Cals. per kilo.
The current must therefore supply
350 — 92 = 258 Cals. per kilo.
Production per day under these conditions :
350

=558 x 47 = 64 tons,
Electrical energy required per ton
170 x 24
T 640 K.W.H.
3. Power

General.— The question of power costs bulks largely in all technical
electrochemical processes with few exceptions. Such, is for example,
the electrochemical refining of the noble metals, where interest charges
on the silver or gold under treatment are of more importance. To a
lesser extent, this also applies to the refining of copper, where a very
large quantity of a valuable product is obtained with a low energy ex-
penditure. But in most processes the value of the product and the cost
of the necessary energy are of the same order, and power questions
become of vital importance.

It is difficult to draw definite conclusions which can be applied to
our present purpose from most of the statements made in journals
and articles on the cost of power-raising by different systems. In
considering the matter, we must keep several points clearly in view.
The first is the very high value of the load-factor of power used in electro-
chemical industries. The load-factor is defined as the ratio of the
average power consumption to the maximum power consumption needed

! J. W. Richards, Electrochem. Ind., 5, 168 (1907).
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at any time. In many cases—for example, municipal electric light
and power undertakings—it is 10-20 per cent., and rarely exceeds
50 per cent. But for electrochemical purposes it is generally! very
high—about 90-95 per cent. A high load-factor means a cheaper
supply, and power for electrochemical processes can thus be got on
comparatively advantageous terms. Then many of the available
estimates on power-production are vague as to what they really include.
The running costs of a power plant, besides fuel, include charges for
repairs and sundries, labour and management, which must all be brought
into an estimate of any value. But there are also the capital charges
for interest and depreciation of plant, including spare machines. These
can be very different in different systems of power-production, and
all must be taken ihto account when making an estimate, comparative
or otherwise. Further, the charges of the different power companies are
of little use in making comparisons. These companies must make
their profits, which vary considerably; the published figures often
include transmission charges over a long distance, and, unless otherwise
explicitly stated, generally hold for power of low load-factor used inter-
mittently for lighting or driving small machines. It is futile, as has
been done, to compare the charges of a power company at £15-£25 per
H.P. year with the costs of a water-power installation in the Alps or
Scandinavia at 10s. to 20s. per H.P. year, and then to conclude that
electrochemical industries have né future in this country because of
the scarcity of suitable water-power.

Three systems of power-production must be briefly considered :—

1. Water-driven turbines.

2. Steam turbines or engines.

3. Internal-combustion engines consuming gas (and occasionally oil).

Water-power.—The cost of water-power can vary enormously,
according to local circumstances and the engineering difficulties to be
overcome. The price is mainly decided by the initial capital costs,
the maintenance charges being comparatively low. These capital costs
vary between £3 and £30 per H.P. installed, and probably average about
£10. 1If interest and depreciation be taken as 15 per cent., the average
capital charges will be £1 10s. per H.P. year.* Putting working charges
at 15s. per H.P. year, the average total cost of water-power will come
to £2 5s. per H.P. year (0:082d. per K.W.H.). Under exceptionally
favourable circumstances its cost is far lower, as the following figures
show :(—

Svaelgfos, Norway, 8s. 3d. per H.P. year.

Notodden, Norway, 13s. 7d. per H.P. year.

Chedde, Savoy, 18s. 4d. per H.P. year.

But as a rule the.figures will fall between £2-£4 per H.P. year. At

! Not in certain electrothermal processes.
2 A year is taken as 365 x 24 = 8,760 hours.
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Niagara, power is supplied by the different companies to large con-
sumers at prices between £2 2s. 6d. and £4 3s. per H.P. year.

Steam-power can be gencrated using ordinary reciprocating
steam engines or else steam turbines. Both have approximately the
same low thermodynamic efficiency, only converting 0-1-0-15 of the
heat value of the fuel into mechanical energy. This fraction can
occasionally rise to 0-18.

The capital cost of an installation of not less than 1,000 H.P. will
average about £12 per H.P. Fuel and other running expenses vary
considerably, according to local conditions. It is, however, fairly
safe to say that the total power costs in this country will work out at
£5—-£8 per H.P. year (0-184.—0-29d. per K. W.H.), and under very favour-
able conditions may fall still lower. The prices charged by English
power companies for power of high load-factor vary between £9 10s.
and £20 per H.P. year, though better terms can doubtless be obtained
by large and regular consumers. When prices reach £10-£12 per H.P.
year, they approach the uneconomic limit for most electrochemical
industries.

Gas-power.—(Gas engines are coming more and more into use
at the present time for power-raising, due partly to the considerable
improvements effected in them during the last few years. Their initial
cost is greater than steam plant, as are also their running expenses
other than fuel, but on the other hand their efficiency is from 50-100
per cent. higher, varying between 0-2-0-25, and indeed can often be
still greater with engines of large size. The formation of producer gas
from coal is a much more efficient process than the generation of steam
in a boiler. Where blast-furnace or coke-oven gases are available as
fuel, their advantages over steam plant are correspondingly increased.

The initial cost of a gas plant of fair dimensions (3,000 H.P. or more)
will be about £15 per H.P. installed, including producers, ete. Assuming
" fuel to cost 9s. to 10s. per ton, and that an ammonia-recovery plant is
operated, the total cost per H.P. year will come to £3 to £3 10s. (0-11d.~
0-13d. per unit), of which some 40 per cent. is accounted for by capital
charges, the remainder being about equally divided between fuel and
other running expenses.

Comparative.—The above data would indicate that a gas-power
plant without doubt works more cheaply than a steam plant. Never-
theless there is still a great deal of controversy on the point. The
truth seems to be that for small installations of 1,000 H.P. or there-
abouts, where ammonia recovery hardly pays, a steam plant with its
lower first cost is the more economical, whereas the reverse statement
holds good for plants of larger capacity. A gas plant should have a
steady continuous load. A Jow load-factor is a point strongly in favour
of steam power. Another deciding circumstance in favour of a steam
plant may be the demand for waste steam, with its manifold applications






CHAPTER 11
EQUILIBRIUM
1. General

AvrtnoucH for practical purposes chemical reactions are often divided
into two classes— ‘ reversible * and ‘irreversible ’*—no such distinction
strictly exists. At room temperature hydrogen and chlorine combine
practically completely, giving HCl, and HCl will of itself furnish no
appreciable quantities of hydrogen and chlorine. Hence this reaction
is stated to be ‘ irreversible.” But in reality it is just as much reversible
ag is the reaction
CH,COOH + C,H;0H 2> CH,CO0C,H; 4 H,0.

Minute traces of hydrogen and chlorine do undoubtedly exist in
the free state after the great bulk has combined, giving HCl. The
difference between the two reactions is only one of degree, not one
of kind.

Every chemical system, left to itself, will finally arrive at a state of
equilibrium, when all the component substances, whether originally
present or formed during the reaction, will coexist in quantities depend-
ing on the temperature and pressure of the system as well as on the
amounts of the original substances taken. If the reaction is to proceed
further, one or other of the products must be removed, thus disturbing
the equilibrium. In the desulphurisation of steel,? the sulphur is
converted into a form (CaS) which is insoluble in the reacting system.
In the dehydration of ZnCl, melts;® the water is blown off by
continually renewing the HCl atmosphere.

The reasons owing to which this equilibrium is often not clearly
manifest are (1) the excecedingly small equilibrium concentrations of
some of the substances ; and (2) considerable reaction resistances which
often prevent the equilibrium setting in.

This second point is very important. Thus, although the equilibrium
state of a system is defined by the constancy of composition of the system
over an unlimited length of time, yet constancy of composition alone

! Not to be confounded with the perfectly definite conceptions of reversible
and irreversible processes discussed in Chapter VII.
* P. 443, 3 P. 422,

12
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must not be taken as a criterion of the equilibrium state. Thusa H,- 0,
mixture is apparently perfectly stable at room temperature ; neverthe-
less it is in reality very far removed from its equilibrium state, at which
minute traces of the gases exist in presence of a large excess of water-
vapour. To be certain that a system is in a state of equilibrium, it
must be possible to reach that state from both sides—commencing
therefore with an excess of either set of the reacting substances. Thus if
equimolecular quantities of C,H;OH and CH;. COOH react, producing
CH; . COOC,H; and water, we know that the equilibrium state is reached
when two-thirds of the alcohol and acid have been transformed into
ester and water. And we know this to be true because, starting with
CH,.COOC,H; and water, CH;COOH and C,H;OH are formed,
and if equimoleculdr quantities are taken the reaction ceases when
only one-third has been converted to acid and alcohol, two-thirds
remaining unchanged. But the system has now the same composition
as when alcohol and acid were originally taken, and hence is at
equilibrium.

Catalysts.—These reaction resistances are often so great that they
practically inhibit the commencement of reactions which would other-
wise occur. A substance whose addition in such cases renders the
progress of the reaction measurable, or in other cases increases the
velocity with which equilibrium is reached, is termed a catalyst. Well-
known technical catalysts are the platinum used in the SO, contact
process, the copper salts used in the Deacon chlorine process, the
sulphur and HgSO, used respectively in the ehlorination and sulphona-
tion of certain organic compounds, etc. We shall encounter many
cases in this book (e.g. in graphitisation,® azotisation of CaC,,? electrical
oxidation,? etc., ete.).

The mechanism by which these catalysts act is often, as we shall
sce, quite unexplained. One point however must be emphasised, 7.e.
that the catalyst does not affect the final equilibrium state, but only the
velocity with which that state is reached. A system in equilibrium can
usually be regarded as in a stationary state, defined by the equality of
the velocities of two opposed reactions. Thus, in the above example, the
velocity at equilibrium of interaction between acid and alcohol giving
ester and water is equal to the velocity of interaction of ester and water
giving acid and alcohol. If now the velocity of one of these reactions
be increased more than the velocity of the opposing reaction, it is clear
that the system will no longer remain in equilibrium. It follows that
a catalyst must increase the velocity of the two opposing reactions
concerned to the same extent.

We will now consider the conditions of equilibrium in different
types of constant temperature systems. As a first classification we can
divide these into homogeneous and heterogencous systems. A homo-

1 P. 493. 2 P. 482, 3 P. 146.
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geneous system is, both chemically and physically, of the same
composition in all parts; e.g. a pure crystalline substance, or an
aqueous solution, or a space filled with gas or vapour. A heterogeneous
system can vary in chemical or physical composition in different parts,
e.g. a saturated aqueous solution in contact with undissolved solid.

2. Homogeneous Equilibria

In a homogencous system the conditions of equilibrium at constant
temperature are essentially determined by the Law of Mass Action.
Suppose the equilibrium point of the following reaction be considered :—

mA; + noA, + ete. . . o T A + n,/A) + ete.
where A;, A;, A/, A, ete., represent the different kinds of molecules
involved, ny, n,, n,’, n,, ete., denote the respective numbers of the same
taking part in the reaction,! and [C,] [C.] [C,"] [Cy'] the molecular con-
centrations or gram-mols. per unit volume of the different substances.?
Then the following equation holds® :—

FOITs O s
s e . L. —

where K, a constant for any particular equilibrium at a particular
temperature, is termed the equalibrium constant of the reaction at that
temperature. We see that K is great if [C,] [Cy'], etc., are great com-
pared with [C,][C,], ete.,and that therefore a high value of K corresponds
to the reaction going more or less completely from left to right. If
therefore K be known, and if in the equilibrium reaction mixture all
but one of the values [C;] [C;][C,'] [C.'], ete., can be directly determined,
the remaining one can be calculated. And whatever the proportions
of the different substances in the initial reaction mixture, they will
finally adjust themselves so as to satisfy the above equation.

We will discuss numerically two simple examples.

The reaction

CH, . COOH + C,H;. OH > CH, . COOC,H, + H,0

was investigated by Berthelot and St. Gilles.* They started with acid
and alcohol, water and ester being absent. Suppose that n mols. of
alcohol were added at the start to one mol. of acid, the whole occupying
a volume ». At equilibrium suppose ¢ mols. each of water and ester

| With 2H; + 0, ~ 2H,0, we have m, =2, n, =1, »,’=2. With 2KMnO,
+ 10FeSO; + 8H,S0, —~ K;SO, + 2MnSO, 4 5Fey(S0y), + 8H,0, we have n, = 2,
Ng =10, n5=8, 7' =1, n"=2 n,/'=35,n/=8,

grams
2 Thus with two litre of hydrogen [C] =1; with 4-8 grams ozone per 100

3 ! 20 _ 1,000
litres [C] = 0-001; with 20 grams KC] per 350 c.c. [C] = 76 > S5
9!

3 This result must be assumed.
+ Ann, Chim. Phys. [3] 65, 385 (1562), 66, 5 (1562), 68, 225 (1863).

= 0'766.
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to be present. Then 1 — z and n — 2 represent the quantities of acid
and alcohol respectively present. We have :—

3%
v v g
K=1_—az n—z (l—2)(n—2)
9. “h

K being independent of the volume.
The following experimental results were obtained :—

n 2 K
0-18 0171 39
0-33 0-293 33
0-50 0-414 34
100 0-667 40
2-00 0-858 45
800 0-966 39

With the ratio [a[l":f)—fgl] Vil aitiall beiwsel Bk a0,

the final state of the system was throughout determined by the above
equation, in which K is about 3-8-3:9. With more refined experimental
methods, the agreement would doubtless have been more exact.
The equilibrium
280,72 280, + O,,

of fundamental importance in the SO; ‘ contact * process, was investi-
gated by Bodenstein and Pohl. They led different mixtures of SO, and
oxygen or SO, and air over platinum black at definite temperatures,
when partial conversion to SO; took place. The gases issuing from
the reaction chamber were rapidly drawn off, cooled, and analysed.
That equilibrium was established was proved by starting with SO, and
measuring the extent of dissociation into SO, and O,. 'We can write

- s Loy,

[CPso,
The results of Table I. are for experiments at 727° C. (1,000° abs.).
TABLE 1
| pin
T° mm. of  S0;:0,:N, o S0,: SO;5: 0, K. 10
mercury,
1003 770 042 : 1 :0 596 0-132:0-195:0-673 3-49
1000 | 760 | 124 : 1 : O 522 0-309 : 0-338 : 0-353 359
1000 765 | 244 : 1 :0 423 | 0:481:0-355:0164 367
1000 758 | 336 : 1 : 0 37-1 0:566 : ¢-333 : 0-101 352
1001 | 760 | 794 : 1 : O 208 0-775 : 0-203 : 0-22 367
997 764 246 : 1 : 376 358 0-233:0-130: 0182 3:58
1001 | 760 310 : 1 : 376 323 0-283:0°136 : 0-68 3-52
1000 | 758 106 (as SO;3):1: 0 544 0-273 : 0-325 : 0-402 343
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The various columns contain respectively (1) temperature ; (2) total
pressure ; (3) composition of reaction mixture (in the last experiment SO,
was used instead of SO,) ; (4) percentage of original 80O, (SO;) present
as S0; in equilibrium mixture ; (5) fractional concentration of equili-
brium mixture; (6) equilibrium constant, referred to 1000° abs., and,
when necessary, corrected for slight temperature differences.

‘mols.
K is caleulated as follows, the concentrations being expressed in litro [C].

At 0°C. and 760 mm. of mercury, one mol. of any gas occupies 22+42 litres. At
higher temperatures the volume is correspondingly greater. If the fractional con-
centrations in column 5 be denoted by ¢, we have

A 273 1

[Cl=c"76 T "2242

and

K_&_O,‘_CQ, . p;.gﬁ. ¢
EN K5, 760 T 2242

Thus in the second case
(0-309) . (0-353) 760 273 1

K="0337 760 1,000 9242

The agreement between the different experiments is excellent.

3. Heterogeneous Equilibria

Phases.— A heterogeneous system is characterised by the presence
of two or more homogeneous systems in contact and separated by de-
finite limiting surfaces. The number of distinct kinds of homogeneous
gystems, differing either chemically or merely physically from one
another, which build up a heterogeneous system, is called the number
of phases of the system, and each of the distinet kinds of component
homogencous systems is called a phase. It will be seen that the ideas
of size and shape have no part in the conception of a phase. Thus an
aqueous Ag,S0, solution is a single phase. If contained in an enclosed
space together with some air, this air will become saturated with
aqueous vapour at the pressure of the Ag,SO; solution. Being homo-
geneous in all parts, it will constitute a second phase. Similarly a
BaCl, solution is a separate phase. If the two solutions be mixed, we
shall get a precipitate containing AgCl and BaSO,. Each of thesc salts
will constitute a separate solid phase, and the homogencous mother
liquor will form a third, liquid, phase

When a hetcrogcneous system is in equlhbrlum each scparate
phase, taken separately, is in equilibrium internally, and further all
the phases are in equilibrium with one another. Equilibrium in a
heterogeneous system is therefore characterised by the superposition
of a number of homogeneous equilibrium systems, and to each of the
latter, when capable of a varjation in composition, the law of mass
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action is applicable. But the state of equilibrium in the whole hetero-
geneous system is independent of the relative masses or sizes, etc., of
the different phases.

For instance, suppose equilibrium established in a system where
ZnS has been precipitated from a ZnCl, solution by H,S. The number
of phases is three—solid ZnS, liquid solution, and gas. The mass
action law can be applied to the liquid phase, in which ZnCl,, ZnS, HCI,
and H,S are in equilibrium. Further, all three phases are in equili-
brium with one another—the liquid phase is in equilibrium with the
precipitate and with the H,S in the gas phase. But it makes no
difference to the composition of the liquid phase if the actual mass
of the ZnS or gas or solution is altered. If the amount of precipitate
be doubled, or if the greater part of the gas phase be cut off from
the rest of the system, the composition of the solution will remain
unaltered.

The classification of heterogeneous equilibria is most easily done
by means of the Phase Rule. An adequate treatment of this subject
is here impossible, and readers are referred to Professor Findlay ses
The Phase Rule. For our purpose we can conveniently di
constant temperature heterogeneous equilibria into three classes.

(a) No single phase can vary in concentration.

(b) One phase only is capable of such variation.

(¢) Two or more phases can thus vary.

Of class (¢) we have many instances. For example, a liquid in
contact with its saturated vapour. At a definite temperature, the
pressure of the vapour phase is fixed, and no variation is possible
except by altering the temperature. A similar example is a saturated
solution in contact with excess of solid solute. At a given temperature
the concentration of the solution is constant—the solubility has a
definite value. Another instance is a solid in contact with its vapour
phase at the sublimation pressure (e.g. iodine), or the very similar case
of a polymerised solid in equilibrium with a gaseous phase consisting
of simpler molecules. As an example may be taken the case of solid
paracyanogen in equilibrium with gaseous cyanogen :—

(C.Ny), === C,N,

At any given temperature the cyanogen gas pressure is constant, and
is known as the dissociation pressure at that temperature.
Of another type of dissociation a good example is

CaCO,; — Ca0 4 CO,.

Here two solid phases are in equilibrium with one gaseous phase, and

once more at constant temperature the pressure is fixed, and incapable

of alteration except by upsetting the equilibrium. That this in fact

must be so can be shown as follows. Consider the state of equilibrium
o
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in the single homogeneous gaseous phase. In accordance with the
law of mass action we can write for any temperature
« _ [€20] . [cO
[CaCOs]
where [Ca0] and [CaCOy,] represent the very low molar concentrations
of Ca0 and CaCO; in the gaseous phase. Now these low concentrations
have a perfectly definite meaning. They are the sublimation pressures
of ime and calcite, and of course constant at constant temperature.

[CaO]
We can therefore replace ~ by k, and get
P 1GaC0O,] &
K
[CO2] - 7\7—.

That is, the dissociation pressure of CaCO; is constant at constant
temperature.

The fact that in such equilibrium equations as the above, the con-
centrations of the solid phases taking part can be considered as constant,
is generally expressed by saying that the active mass of a solid which
is taking part in a reaction is constant. This excludes the case of
solid solutions.* 'This generalisation enables us to treat more complex
cases of equilibria between solid phases and gaseous phase, the stipula-
tion being that only one gas is involved in the reaction.

For example we can take the equilibria *

810, 4+ 2C == 8i 4+ 2C0 (1)

Ca0 + 3C<==CaC, 4 CO (2)

As in both cases all the constituents but the CO are solids, we can write
K; =k [COT?
K, =%, [CO],

the CO equilibrium pressures being therefore definitely fixed if the
temperature be fixed. Thus Rothmund found for the second case
Pco at 1620° to be one-third of an atmosphere. If, by pumping off,
the pressure be artificially kept below this figure, lime and carbon will
react, giving carbide and CO until all are used up. If, on the other
hand, CO gas be pumped in, and the pressure thus kept above the
equilibrium figure, the reaction will proceed from right to left, CO
being absorbed. At higher temperatures the equilibrium pressure

! A solid solution is a solid phase containing two or more constituents whose
composition can boe continuously varied within certain limits. There are no
boundary surfaces of supermolecular dimensions separating its different con-
stituents : the intermixture is molecular just as in liquid solutions. Many of the
commonest alloys are solid solutions (e.g. steels, brasses, Cu-Ag mixtures). We
shall meet several examples in this book: e.g. pp. 121, 133, 136-139, 241, 492, etc.

2 Pp. 469, 487,
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is higher, at lower temperatures lower. If therefore the pressure be
artificially kept constant at one-third of an atmosphere, and the tem-
perature raised above 1620°, the lime and carbon will disappear and
carbide will be formed. But if the temperature be lowered below
1620°, the pressure being still kept at the same figure, all the carbide
will disappear ; or if lime and carbon be present, no carbide will result.
By a similar variation of conditions, silicon can be oxidised by CO
with deposition of carbon ; or silica can be reduced by carbon with
evolution of CO.

We now come to the second type of heterogeneous equilibrium,
where one of the phases can vary in concentration, the temperature -
remaining constant. If NH,HS be gently heated, it dissociates thus:

NH,HS <> NH, -+ H,S,

giving a mixture of two gaseous dissociation products. Using pure
NH,HS, the composition of the gaseous phase is constant, always
50 per cent. H,S : 50 per cent. NH;. Hence at a definite temperature
there will be a perfectly definite dissociation pressure—in fact the
system will behave like those just discussed. But if an excess of one
of the dissociation products—NH; or H;S—be added, a new equilibrium
state will set in, in which the composition of the gaseous phase will be
different from what it was previously, whilst the solid phase will still
be NH,HS. Consider the equilibrium in the gaseous phase. We have

K = el B

NH,HS being a solid, we can put [NH,HS] = constant. For
ordinary purposes of calculation [H,S] . [NH,] can be replaced by
k. pys - Pxu, and we thus get

Ky = pxu, - Pus
t.c. the product of the partial pressures of the two dissociation pro-
ducts must be a constant at any given temperature. Isambert !
made measurements at 25°1° and obtained the following results (pres-
sures in cm. of mercury), which show a sufficiently good agreement
between the values of Ky :—

PxHs Puss K,
13-8 45-8 632
209 29-5 617
20-8 29-4 612
2505 2505 627
417 146 609
435-3 14-3 648
458 138 632

! Compt. Rend. 92, 919 (1881); 98, 731 (1881); 94, 938 (1552).

o2
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The mean value for K; is 626. Suppose then that solid NH,HS dis-
sociates at 25° into an atmosphere of H,S kept at a constant partial
pressure of 60 cm., the partial pressure of the NH, gas will be
626
oy 10°4 em.

The solubility product of difficultly soluble salts, discussed on
p. 73, is a very similar example to the above.

As another instance we may take the reaction

8Fe 4 4H,0 < Fe,0, + 4H,.

When steam acts on an excess of heated iron, Fe;O, and hydrogen are
formed, and finally an equilibrium state is reached with both hydrogen
and steam present in the gas phase. Conversely, when hydrogen acts
on an excess of heated FesO,, the metal and steam are produced, and
an equilibrium state is eventually reached. The iron and the oxide,
being solids of constant active mass, play no part in the gaseous equi-
librium ; and we get

K, = [HZ]‘
b HO)
or, as partial pressures can be substituted for concentrations,
P, — constant.
Pu.o

Preuner obtained the following results at 900° :—

Py, Pu.0 k
13:5 mm. 88 mm. 1:53
180 12-7 1-42
374 251 1-49
54-1 354 1:53
71-8 49-3 146

If therefore steam at any pressure be kept in contact with heated
iron at Y00°, it will be decomposed until the pressure of the hydrogen
formed is 15 times the pressure of the steam remaining. If the original
pressure of the steam be 750 mm., the pressure in the final equilibrium
mixture will be hydrogen 450 mm. : steam 300 mm; whilst if
hydrogen gas be heated with Fe;O, at 900° steam will be formed,

the reaction ceasing when P 15, If the original hydrogen
Puso
pressure is 300 mm., the final pressures will be H, 180 mm. : H,0

120 mm.
In the last type of heterogeneous equilibrium which we shall discuss,
two or more phases can vary in concentration at constant temperature.
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Simple examples are an unsaturated aqueous solution and the corre-

sponding aqueous vapour phase, or-a solution of a gas in a liquid
and the gaseous phase in equilibrium with that solution. In the
former case, the concentration of dissolved substance in the solution
can vary between zero and the saturation quantity, whilst, since
the vapour pressure of the water is lowered by the solution in it
of the dissolved substance, the concentration of the vapour
phase can vary between the limits of the pressure of pure water
and the pressure of the saturated solution. Similarly the gas
pressure in the second case can be arbitrarily varied within
certain limits, and to each pressure corresponds a definite solubility
of gas in the liquid.

Any equilibria in' the separate phases can be treated by the law of
mass action, and we need here only consider the equilibria between
the different phases. The law governing these equilibria is very
simple. Neglecting complications arising when the molecules of a
substance are of different complexity in different phases of the system,
it can be stated as follows : At constant temperature, the ratio of the mole-
cular concentration of asubstance in one phase to its molecular concen-
tration in another phase is constant. If [C;] and [Cy] are the equilibrium
concentrations in the two phases,

[Ci]
g

(This constant ratio is of course different for every pair of
phases.)

We will lllustrate the above law by a few examples. Consider a
gas in equilibrium with its solution in a liquid. For [C,], the concentra-
tion in the gaseous phase, we can substitute p, the pressure, or partial
pressure, if present in a gaseous mixture. The result (known as Henry’s
Law) is that the solubility of a gas in & liquid is proportional to the
pressure of the gas.

On p. 344 is given an instance involving the solubility of chlorine
in water at different partial pressures. On p. 519 is considered the
equilibrium

3NO; + H,0 == 2HNO, +- NO,

which tends to set up when nitrous gases are passed into water. The
concentration of HNOj; in the liquid phase is of course directly deter-
mined (according to the mass action law) by the concentrations of
NO.and NO in the liquid phase ; and as the latter are proportional
to their concentrations in the gas phase it follows that the HNO,
concentration will 2ncrease with mcreasmg NO, and decreasing NO
partial pressures.

Succinic acid dissolves in both water and ether. If therefore
an aqueous solution be shaken up with ether, or an ethereal solution
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with water, some of the aeid will pass from one solvent to the other
until equilibrium is reached. In accordanee with the equation, what-
ever the absolute concentration of the acid in the two liquids, their
ratio will always be constant when equilibrium has been rcached.
The following table contains some experimental figures :—

C, = grams acid per C, = grams acid per L &0y
10 c.c. water. 10 c.c. ether. e
0:024 0-0046 52
0070 0-013 54
0-121 0-022 54

K is termed the partition coefficient of succinic acid between water
and ether.

On p. 443 we have a somewhat similar ease, involving the distribu-
tion of sulphur between liquid steel and liquid slag in a steel-refining fur-
nace. But the qualification caused by the presence of different molecular
complexes (here chemically different molecules) in the different phases
becomes very important. The law is only qualitatively, not quanti-
tatively, followed. This is to a certain extent true of most ¢ practical’
cases, :

As a last example, consider an aqueous solution containing n’ mols.
of solute dissolved in #» mols. of solvent. Let the vapour pressures of
pure solvent and of solution be respectively po and p. If the molecu-

: Is. 2
lar concentration (Iggr—z ) of the solvent when in the pure state be [C],

its molecular concentration in the solution will be . & A [C]. Applying

¥
the law, we have
e K, and P —
[C] . n
7"(/ 7_{__‘;‘ ¥ [C]
Hence
Poil =i
o W
it e A i
Po w +n
oot AB AR A
Po n Y4 n
For a dilute solution #” is small compared with n, and we can write
ot FE
Po £

That is, the ratio of the difference of vapour pressures of solution and
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solvent (the ¢ lowering * of the vapour pressure) to the vapour pressure
of the pure solvent is equal to the ratio of the number of molecules of
solute present to the number of molecules of solvent in which the
solute is dissolved. This is an exceedingly important result, which
we shall employ in Chapter IV.

4, Effect of Temperature

We must finally briefly discuss the effect of temperature varia-
tion on equilibrium. All chemical reactions can be divided into endo-
thermic, those which absorb heat, and exothermic, those which liberate
heat. And the manner of variation of the equilibrium constant of a
reaction with temperature depends essentially on whether the reaction
is exothermic or endothermic. Consider any chemical system in equi-
librium, and imagine its temperature to be raised. We can readily
see that, if the equilibrium changes with rise of temperature, that

i
T
100 700 700 700
1‘2*‘%3; 31"&; J\E*%z %%
Fia. 1. Fia. 2.

reaction must commence which absorbs heat, not the reverse reaction
which gives out heat. Were this not so, it is evident that more heat
would be added to the system, the temperature would rise, and the
reaction would proceed more and more rapidly, the temperature
continually rising. Such a state would be quite unstable, and could
correspond to no conceivable equilibrium. We conclude therefore
that increased temperature favours endothermic reactions and the
production of endothermic compounds, and that, conversely, exothermic
reactions and products are favoured by low temperatures. (These
statements apply to equilibrium states only, not to reaction velocities.)
If the reaction has practically no heat effect, the equilibrium will be
almost independent of temperature, and the equilibrium constants
of those reactions which are accompanied by large heat effects (positive
or negative) will be most sensitive to temperature changes.

Fig. 1 shows how the equilibrium between a typical exothermic
compound (NH;) and its constituents changes with temperature.
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The curve gives the relation between temperature and percentage
combination or decomposition. At low temperatures the exothermic
ammonia is stable; at higher temperatures it dissociates into its
constituent gases. Low temperatures are therefore favourable for
the synthesis of ammonia from its elements! Fig. 2 shows how the
composition of a system, consisting of an endothermic compound
such as NO in equilibrium with its constituents, changes with tempera-
ture. Rise of temperature favours formation of the compound. NO
is produced to a considerable extent at the temperature of the electric
arc.?

Similarly the formation of HCl from hydrogen and chlorine, of
S0, from SO, and oxygen, and of CuO from copper and oxygen give
out heat ; at higher temperatures HCl, SO; and CuO can all be made
to dissociate. On the other hand, the production of CaC,; whether
from its elements or from lime and carbon, takes place with absorption
of heat, and high temperatures are necessary for its formation.* The
hydrolysis of chlorine, or of cuprous salts, and the formation of cuprous
and aurous salts in aqueous solution according to the equations

CuCl; + Cu —— 2CuCl
AuCl; 4 2Au —— 3AuCl

all take place with absorption of heat and are favoured by a rise in
temperature.* The esterification of C,H;OH and CH;COOH® takes
place with only a very small heat effect, and the value of the equilibrium
constant K is consequently almost independent of temperature.

The equation expressing the relation between the equilibrium
constant K, the absolute temperature T, and the heat evolved in
the reaction Q is

(FF o 20 S
log K, —log K, = %~ (T2 i T1)°
K, and K, are the equilibrium constants at the temperatures T,and T,
and Q (expressed in calories) is assumed to be independent of the
temperature, or, if able to vary, to be the mean value over the range
of temperature T, to T;. From this equation, knowing K at two different
temperatures, we can calculate Q ; or, knowing Q and the value of K
for one temperature, we can calculate it for another temperature.
For example, Thompson ® worked on the calcium carbide equilibrium

Ca0 4 30 == CaC, + CO.
Amongst other measurements, he found the CO equilibrium pressure
to be 044 mm. at 1445° C. and 0'82 mm. at 1475° C. @ at 1460° is

! See p. 479. 2 Chap. xxvii. * P. 469.
* Pp. 245, 246, 247, 273, 319. 5P 14, 6 P, 470.






CHAPTER III

FARADAY’'S LAWS—CURRENT EFFICIENCY
1. Phenomena of Electrolysis

Electronic and Electrolytic Conductors.—Conductors of electricity
can be divided into two classes—metallic or electronic conductors
and electrolytic conductors. Typical of the former class are sub-
stances like copper, graphite, and Fe;O,. To the latter class belong
aqueous solutions of HyS0,, AgNO; or ammonia, fused PbCl, or
eryolite, solid BaCl, or BaSO, some distance below their melting-points,
and finally hot gases.

A fundamental difference ecxists between the two' kinds of
conduction, obvious when the above examples are considered. In
both cases the current produces heating and magnetic effects; but
in ‘ metallic’ conductors the electricity passes through without the
accompaniment of any ponderable quantity of matter, whereas in electro-
lytic conductors or electrolytes the movement of the electricity is
always associated with the movement of matter. When the electricity
leaves the clectrolyte, it cannot take the matter with it; the latter is
consequently set free, and a chemical effect is produced, which marks
the chief distinction between electronic and electrolytic conduction.
The study of these chemical effects and of the corresponding electrical
effects necessary for their production forms the largest and most
important part of the science of electrochemistry.

Electrolysis.—If two platinum plates be dipped into dilute sul-
phuric acid, and connected with the two poles of a battery, a current
passes (the sulphuric acid being an electrolyte) ; electrolysis takes
place, and it is noticed that at the platinum plate connected with the
negative terminal of the battery hydrogen gas is given off, whilst at
the plate connected with the positive pole of the current source oxygen
is evolved. These gases are produced at the platinum plates only,
and not along the path of the current through the electrolyte. If we
use instead silver nitrate solution, we observe deposition of silver on
one platinum plate and evolution of oxygen at the other ; and what-

ever the solution, we notice that chemical action only takes place at
26
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the electrodes, or points where the current enters and leaves the electro-
lyte. This is characteristic of electrochemical actions. The electricity,
whether positive or negative, while moving through an electrolytic
conductor, is associated with some form of matter. When it leaves
the electrolyte to continue its journey through an electronic conductor,
it cannot carry this accompanying matter further, and the latter is
therefore set free.

If now the hydrogen and oxygen from the H,SO, solution are col-
lected, it is found that they stand almost exactly in the proportions
necessary to form water, the volume of hydrogen being twice that of
the oxygen. Any slight deviation from this exact ratio is due to dis-
turbing causes discussed later. Finally, if, after the electrolysis is
finished, samples of acid in the neighbourhood of the two electrodes
are titrated, it is found that the one from the neighbourhood of the
positive electrode where oxygen was evolved is stronger than the one
from the neighbourhood of the negative electrode.* 1If, however, the
whole contents of the electrolysis vessel or electrolytic cell are titrated,
the total amount of acid is found to be unchanged. The effects of the
clectrolysis are thus :—

(1) to decompose water into hydrogen and oxygen, the products
being separated, not mixed ;

(2) to concentrate one portion of the sulphuric acid, at the same
time diluting another portion.

Suppose similar experiments carried out with various solutions
such as (a) CuSOy, (b) HC], (¢) KOH, (d) NaNO;. Tt will be found that
the respective negative electrode products are (z) metallic copper,
(b) hydrogen, (¢) hydrogen, (d) hydrogen and NaOH. The corresponding
positive electrode products are (a) oxygen and H,S0, (b) chlorine,
(¢) oxygen, (d) oxygen and nitric acid. Concentration changes are
also produced in all cases. Thus with KOH, the solution has now
become stronger near the negative electrode. A consideration of these
results shows that the negative electrode products are always of a
metallic or basic nature, whilst the positive. electrode products are
always of a non-metallic or acidic nature. This again is a perfectly
general result. When a current passes through an electrolyte, the
metallic or basic product of the resulting chemical action is always set
free at the negative pole, which is termed the cathode,® whilst the non-
metallic or acid product of reaction is liberated at the positive pole or
anode.* This fact is utilised when it is necessary to distinguish between

! To the engineer, the negative pole of his dynamo (or secondary ccll) is the
pole by which negative electricity leaves the machine. To the electrochemist, the
negative pole of his electrolytic bath is the pole by which negative electricity enters.
This distinction must be clearly borne in mind.

2 Tf the electrolyte is divided by a diaphragm or other means into cathode and
anode portions, these are termed catholyte and anolyte respectively.
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the two poles of a current source. Wires from these are brought
a little distance apart on to a piece of pole reagent paper—filter-
paper moistened with a solution of KI or a little Na;SO4 and phenol-
phthalein. In the former case, the positive pole is shown by a brown
coloration due to iodine. With the Na,SO, and phenol-phthalein
a pink coloration is produced at the negative pole by the liberated
alkali.

2. Faraday’s Laws

So far we have seen that electrolysis has two effects—the formation
of two substances or groups of substances of opposite polarity and
the production of concentration changes. The only quantitative
relation noticed has been that, in the electrolysis of dilute sulphuric
acid, hydrogen and oxygen are liberated in the proportions in which
they form water. Suppose now that an electrolyte be put in the same
circuit with an ammeter, and electrolysed, the time being noted and
the current kept constant. When the electrolysis is finished, let the
products be measured (by weight or volume) and let this procedure
be repeated, using different currents during different lengths of time.
It will be found that tke resulting chemical effect is directly proportional
to the product of the current into the time of electrolysis, that s, to the
quantity of electricity which has flowed through the electrolyte. This is a
statement of Faraday’s First Law of Electrolysis.

Thus, if it is found that 30 grams of copper are produced by 10 amperes flowing

for z hours, then the same quantity will be produced by 20 amperes in :c hours,

or by three amperes flowing for l(;x hours ; and 60 grams will be produced by a

current of 10 amperes flowing for 2 z hours, ete.

Faraday’s First Law expresses then the fundamental relation
existing between quantity of electricity and quantity of any particular
substance set free by or taking part in an electrolytic process. In the
above statement of it, the assumption is made that one reaction only
takes place at each electrode.

The question now arises, In what relation do the quantities of
different substances liberated by the same quantity of electricity stand
to one another ? Suppose a number of electrolytic baths arranged in
series, so that when a current is passing the same quantity of electricity
flows through each of them. Let one contain copper electrodes in
CuS0, solution, another silver electrodes in AgNO,; solution, a third
platinum electrodes in Na,SO, solution, a fourth platinum electrodes

in fairly strong HCl. Let current be passed through till 9:—;—6 grams of

copper have been deposited on the copper cathode in the first vessel,
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and let the effects produced at the other electrodes be measured. From
the copper anode in (1), @2—6—5 grams of copper will have been dissolved.

In (2), 1079 grams of silver will have been deposited on the cathode
and dissolved from the anode. 1-01 grams of hydrogen will be obtained
at the cathode in both (3) and (4), and further in (3) 40 grams of NaOH.

Finally, at the anode of (3) we shall obtain 1§§ grams of oxygen and ?2§

grams of H,80,, and at the anode of (4) 35°5 grams of chlorine. Tese
quantities are in all cases proportional to the equivalent weights of the
substances concerned. This relation is known as Faraday’s Second
Law of Electrolysis, and together with the first law can be combined
into the following formal statement :—

If a current pass through an electrolyte, bringing about chemical
changes at the electrodes, the quantity of each substance formed will
be directly proportional to its equivalent weight and to the time of
passage of the current.

The quantity of electricity capable of bringing about the transforma-
tions described in the preceding paragraph, and of liberating one
gram-equivalent of product, is termed a faraday, and has been found
by careful experiment to be very nearly 96,540 coulombs or ampere-
seconds. The ampere-hour is 3,600 coulombs. We therefore have
the relation

96,540 coulombs (ampere-seconds) = 26°8 ampere-hours
= 1 faraday.

Conception of Ions.—To explain the regularities described, Faraday
suggested that the neutral dissolved molecules of an electrolyte consist
of two oppositely charged parts, which he termed ions. The negatively
charged fraction or anion is composed of a non-metal or of an acid
radicle, whilst the positively charged part, the cation, consists of a
metal, of hydrogen, or of some positive radicle, such as NH,. When
the current passes, the positive ions are attracted towards the negatively
charged cathode, where their charge is neutralised, and they are set
free. The anions behave similarly, being discharged at the positive
electrode, the anode. If the further assumption be made that the
quantity of electricity—positive or negative—associated with one
gram-equivalent of every kind of ion is always the same, and equal
to 96,540 coulombs, all the above results, both qualitative and quanti-
tative, can be consistently explained. This conception of Faraday’s,
developed in accordance with later discoveries, is now universally used.
A unit positive charge is usually denoted by °, a negative charge by .
As the number of charges per unit will vary directly as the valency
of the ion, we write K', Cl’, Cu" (cuprous ion), Cu™ (cupric ion),
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OH’, 80,”, FeCy,"" (ferrocyanide ion), etc. ~Corresponding neutral
molecules can be written K, SO,”, Cu"ClL”, etc., though the signs
representing the charges are usually omitted.

3. Current Efficiency

The minimum quantity of electricity needed for the production of
a gram-equivalent of an electrolytic product is 26:8 ampere-hours.
We emphasise the word minimum, because in the average electrolysis
more than this amount is required.

This is not due to any breakdown of Faraday’s Law, which has
been shown to hold over a wide range of temperatures, for electrolytes
other than aqueous solutions, and for fused salts. One faraday passed
through an electrolyte will always liberate one gram-equivalent of
product at each electrode. But it often happens that this product
is not homogeneous. Some of the electricity given up at the electrode
may have been associated with one kind of ion, and some with another
kind of ion. Thus, in the electrolysis of brine solutions for the
produetion of alkali and chlorine, under certain circumstances large
quantities of oxygen can be evolved at the anodes instead of
chlorine.

Secondly, and more important, is the fact that the primary pro-
duct of electrochemical action, when liberated from its accompanying
charge of electricity, can often react partly or completely with bodies
in the neighbourhood of the electrode, some thus being lost; or it is
liberated in such a form that it cannot be easily collected, or it can
perhaps diffuse rapidly away, and to some extent recombine with the
product of electrolysis at the other eleetrode. If a KCl solution be
electrolysed between copper electrodes, neither potassium nor chlorine
is obtained as a final product. The former acts on the water, producing
alkali and hydrogen, the latter attacks the copper electrode, giving
cuprous chloride. When sodium is prepared, asin the Castner process,
by the electrolysis of molten NaOH, a certain quantity is lost by
vaporisation ; more reacts with the water which is constantly formed
during the process; a third source of loss is due to dissolved metal
escaping to the anode, and there combining with the evolved oxygen.
Or the substance itself may be chemically unstable and tend to
decompose spontaneously—e.g. sodium hyposulphite. Good results are
then best obtained by using a high current concentration,’ this being

g current
AT T volume of electrolyte (catholyte, anolyte)’ -
required concentration of product is in this way quickly reached.
Again, current leaks and short circuits often cause wastage, as in
copper refining,

1 Tafel, Ber. 83, 2212 (1900).
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Consequently, the yield of material in an electrolytic process is
nearly always less than that calculated from the quantity of electricity
used. The ratio of yield obtained to the theoretical yield calculated
on the basis of Faraday’s Law is termed the current efficiency, and a
high current efficiency is of course one of the chief aims of an electrolytic
process. Sometimes it is the first thing to be considered, often its
importance may be considerably modified by other factors.

Technical current efficiencies vary within wide limits. The anodic
oxidation of anthracene to anthraquinone gives almost 100 per cent
In copper refining, one of 95 per cent. is the average. Alkali-chlorine
cells furnish 50-100 per cent., depending on the type of cell and the
concentration of alkali produced. Hypochlorite liquors are obtained
at about 66 per cent: current efficiency ; metallic sodium and aluminium
from fused electrolytes at about 45 per cent. and 70 per cent. respectively.
These figures all refer to the chief product. One should really speak
of anodic and cathodic current efficiencies.

4, Measurement of Quantity of Elecfricity

The determination of current efficiency involves, therefore, two
measurements—the weight or volume of product and the quantity
of electricity used. The-latter may be measured in two ways. The
current may be-observed at frequent intervals, when the mean figure,
multiplied by the time, will give the number of ampere-hours expended ;
or this last quantity may be measured directly.

For the detection of current, and occasionally for the measurement
of small currents, galvanometers are used. For heavier currents
ammeters are employed. To enter here into their construction or
use is unnecessary. It might, however, be mentioned that the most
economical system for general experimental electrochemical work is
the employment of a high-resistance milliamperemeter, together with
a number of external shunts. One instrument will thus cover an
enormous range. The shunt resistances are relatively cheap. The
method of measuring current by employing a high-resistance volt-
meter and a low resistance of known value in the main circuit is based
on the identical principle. Putting the voltmeter across the ends
of this resistance, we have

E
I= R

Coulometers.—For the measurement of quantity of electricity in
small-scale experimental electrochemical work, coulometers are used.
In these instruments some electrochemical product is liberated by the
current in easily measurable form, and from its amount, assuming
Faraday’s Law, the quantity of electricity passed through can be
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readily calculated. In a good coulometer there must be no disturbing
or secondary by-reactions, and much investigation has been devoted
to this point. It has been found necessary to define carefully the
conditions under which the instruments are used.

The silver coulometer is the most accurate® of all so far described.
As worked out by T. W. Richards? it is set up as follows (Fig. 3).
The cathode consists of a platinum
crucible containing the electrolyte,
a freshly prepared 10 per cent.
AgNO; solution. The anode is a
pure silver rod, wrapped in filter
paper and suspended in AgNO,
solution, but separated from the
cathode by a 1 mm. Pukall porous
pot. The level of liquid inside this
pot is lower than that outside, and
diffusion of anode liquid to the
cathode is thus counteracted.
Richards found this necessary in
consequence of substances formed
at the anode which can, under
varying conditions of current
density, produce either too large
or too small cathodic deposits.
The anodic and cathodic current

Fie. 3.—Silver Coulometer., densities must not exceed 0'2 and

002 amp./cm.? respectively.

Where complete accuracy is not required, the copper coulometer
can be used. It is cheaper and gives sufficiently good results. Here
again certain complications occur which will be fully considered later,
but which are largely avoided in the form described (Fig. 4). The
electrolyte consists of the following solution * :—

150 grams copper sulphate crystals,
50 grams H,SO,,

50 grams alcohol,

1 litre water.

The electrodes number three, and are conveniently hung parallel
to the sides of a rectangular glass vessel. They can be kept in
position by slots cut in small pieces of wood which grip on the
edges of the shorter sides of the glass jar. Two of these electrodes
are anodes, one the cathode. The last, a thin sheet of electro-

1 See p. 6. 2 Zeitsch. Phys. Chem. 41, 302 (1902).
3 Pp. 245-247. 4 . Oettel, Chem. Zeit, 17, 543 (1893).
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lytic copper, is suspended between the anodes. Its increase in
weight is the measure of the quantity of electricity passed through.
The decrease in weight of the anodes is too indefinite. These anodes
can be made of ordinary
sheet copper, and are best
enclosed in bags of parch-
ment paper to keep impuri-
ties from the electrolyte.
The size of the coulometer is
determined by the currents
it is designed to carry. To
get good results, a cathodic
current density of. 0°5-25
amps./d.m.* (taking into ac-
count both sides of the
cathode) must be used. Too
high values furnish a deposit
dark in colour, loose, and
easily rubbed off. If, on the
contrary, the current density
be less than the lower limit
given, the weight of copper
deposited is too small
During long-continued use,
the electrolyte should be
stirred, conveniently by a
slow stream of hydrogen,
which also opposes oxidising effects due to dissolved air. When the
electrolysis is finished, the cathode is withdrawn, washed thoroughly
with water and then alcohol, dried quickly by holding some distance
above a Bunsen flame, and weighed. As 31'8 is the equivalent weight
of cupric copper, if m be the increasein weight of the cathode in
grams, and z the number of ampere-hours passed through,

m 96540
~ 318 3600

In the water coulometer,' the volume of electrolytic gas evolved
during the passage of the current is measured. This gas is produced
by the electrolysis of a 15 per cent. NaOH solution (NaCl-free) between
nickel electrodes. The electrolysis vessel is an ordinary glass bottle,
provided with a rubber stopper. This carries a delivery tube, dipping
under a graduated glass cylinder, which has been filled and inverted
over water. The passage of one faraday produces one gram (11-2
litres) of hydrogen, and eight grams (56 litres) of oxygen—altogether

1 F, Oettel, Zeitsch. Elektrochem. 1, 355 (1894).

x

D
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16-8 litres of electrolytic gas at 0° and one atmosphere. One ampere-
minute means therefore 1044 c.c. of gas. To convert the volume
as actually read off to standard conditions, we can use the formula

2130 —p)
Yoo =¥ (973" 18) 760

where ¥, ;¢ is the corrected volume and v the observed volume in c.c.,
b the barometric pressure and p the vapour pressure of water in mm.
of mercury. Then, if z be the ampere-minutes used,

— Yoo

T 1044

This instrument is not capable of the same accuracy as the copper
coulometer, in fact it cannot be relied upon beyond + 05 per cent.

B

F1e. 5.—Wright
Electrolytic
Meter.

Its chief advantage is that it enables us to follow
closely certain oxidation or reduction reactions whilst
actually proceeding, and to determine the yield over
any given length of time without interrupting the
electrolysis. By putting the coulometer in series
with the electrolytic bath, and comparing the
quantities of gas liberated in the two cases over
the same period of time, it can be found what
portion of the current is doing useful work and
what fraction is being expended in the undesirable
production of hydrogen and oxygen.!

Wright Electricity Meter.—Large quantities of
electricity can be directly measured by means of
ampere-hour or electricity meters. Of these instru-
ments one only gives reliable and accurate results.
This is the Wright Electrolytic Meter, as modified by
Abegg and by Hatfield, and sold in this country by
the Reason Manufacturing Co. of Brighton. An accur-
ately shunted fraction of the current passes through
a ballast resistance and through the cell, shown
in essentials in Fig. 5. The anode is of mercury,
kept at a constant level on the ring-shaped ledge A,
by means of the reservoir B. The cathode C is of
iridium foil, and the electrolyte a potassium iodide
solution of mercuric iodide. When the current
passes, droplets of mercury are produced at the
cathode. Being of iridium, no amalgamation or
adhesion occurs, but the mercury falls through the
funnel underneath into the -tube D. There its

volume can be read off, and gives a measure of the quantity of

1 See p. 36.
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electricity passed. When the U-tube is completely filled the contents
siphon over into the bottom of the apparatus E, where is another scale.
At the anode mercury dissolves quantitatively, and the composition
of the electrolyte remains absolutely unchanged. Local concentra-
tion differences at the electrodes are ingeniously nullified, and mercury
is prevented from passing from the anode to the lower part of the
apparatus (by shock or otherwise) by means of the fence of glass tubes
F. Temperature changes are compensated by the ballast resistance.
The apparatus is reset by simply inverting it, when the mercury
flows again into the reservoir B. Its accuracy is within 1 per cent.,
though the amperage may vary from 10 per cent. to 150 per cent. of
the rated figure. It is exceedingly reliable and constant, and needs
no attention. Hatfield* has also given some interesting details of
an instrument in which bromine is precipitated and measured, which
promises to be still more useful for small quantities of electricity.

Calibration of Ammeters.—Large quantities of electricity are,
however, still usually measured by making periodical readings of an
ammeter, and the calibration of this instrument is important. It can
be carried out in several ways.

(a) Most conveniently with a standard ammeter. The two instruments
are connected in series, together with a variable resistance, such as the
type consisting of a number of loosely packed carbon plates which can
be screwed up into better contact. Current is passed through, and
simultaneous readings made. A whole series can be taken by suitably
regulating the current.

(b) With a standard high resistance voltmeter, standard low resistance,
and adjustable resistance. The use of voltmeter and known resistance
for current measurement has already been mentioned.* Knowing the

value of the standard resistance R, the true current is given by I = ER’
where E is the voltmeter reading. A comparison series is taken as in
method (a).

(¢) With a coulometer. This method is much less rapid and con-
venient than (2) or (b), and can only be used for low-range ammeters.
It has the advantage of needing no standard instrument of any kind.
Suppose a copper coulometer to be used. It is connected in series with
the ammeter and variable resistance. Until conditions are constant
and the ammeter registers the required reading, the weighed cathode
for actual use is not inserted, a similar auxiliary one being used. When
all regulation is finished, the current is interrupted, the working cathode
rapidly put in, the electrolysis restarted and the time noted. The

experiment is carefully watched, and any fluctuations in the ammeter

T

 reading neutralised by adjusting the resistance. When sufficient time

1 Zeitsch. Elekirochem. 15, 728 (1909). 2 See p. 31
D2
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(previously calculated) has been allowed for the deposition of a con-
venient quantity of copper, the electrolysis is again interrupted and
the time noted, the increase in weight of the cathode determined, and
the current calculated, assuming 26'8 ampere-hours for each 318 grams
of copper. This is repeated for a number of ammeter readings.

5. Calculation of Current Efficiencies
Before closing this chapter, examples will be given of the calculation
of current efficiencies.

1. The electrolytic reduction of carbonic acid to formic acid! is being studied
on a small scale. The catholyte is saturated K:SO, solution, through which
CO, gas bubbles. The cathode is an amalgamated zinc plate, 25 d.m.? in area
(one side). A current of about 0:25 amp. is passed for cight hours. Water and
copper coulometers are included in the circuit. Occasionally the Hy — CO, mixture
which continually passes away from the cathode is collected, and after absorbing
the CO, by potash, the volume of the residual hydrogen is compared with the
volume of the electrolytic gas evolved in the water coulometer during the same
period. On two such occasions, the volume of the electrolytic gas is in each
case 60 c.c. ; the volume of cathodic hydrogen 106 c.c. and 87 c.c. respectively, in
all cases as directly measured. The formic acid produced is estimated at the end,
and amounts to 1-23 grams. The increase in weight of the cathode in the copper
coulometer is 2:335 grams. Required (a) the current efficiencies during the periods
over which the gas samples are collected and (b) the current efficiency during the
whole run.

(a) Of the 60 c.c.?® of electrolytic gas, 40 c.c. are hydrogen. This quantity
would be liberated on each occasion in the electrolysis vessel itself if no gas were
to be used in the reduction process. But 10'62 c.c. and 8:7° c.c. are the amounts
actually liberated. Hence (40 — 10°6) c.c. and (40 — 8°7) c.c. respectively are used
in the reduction. The current efficiencies are therefore

40 — 106
100 - TS 735 per cent., and
00 - L=57 _ 7825 t
20 = per cent. |

(b) The increase in weight of the copper cathode is 2-335 grams. The

number of ampere-hours used is consequently 318 26-8. (Average current is |
2335 268 :
318 " 8 ‘
H,CO; - H;, —> H,CO; 4+ H.0 (passage of 2 faradays). ‘
We see that to produce one mol. (46 grams) of formic acid, two faradays or :
2. 26'8 ampere-hours are needed. The theoretical yield of formic acid is therefore !

2335

S ~ 96

318 % 208

2 x 268

and the current efficiency is

therefore = 0-246 ampere.) The cquation expressing the reduction is

x 46 = 169 grams,

100- 12 _nos
o9 = 728 per cent.

1 Cochn and 8. Jahn, Ber. 87, 2,830 (19()-15.
2 Note that uncorrected readings can be used.






CHAPTER 1V
OSMOTIC PRESSURE—THEORY OF SOLUTIONS

1. Osmotic Pressure

It is well known that the particles of a dissolved substance behave
analogously to those of a gas. If pure water be carefully superposed
on a sugar solution, sugar can be detected after a certain time in all
parts of the liquid, and the whole will ultimately attain a uniform
composition. This is quite similar to the expansion of a gas into a
vacuum or from a high to a low pressure. Or if solutions of KCl and
CuSO, be brought into contact, diffusion will proceed until the two
bases and the two acids are distributed equally throughout the whole
mass, just as gaseous oxygen and hydrogen will interdiffuse until a
uniform gaseous mixture results. It is natural to seek a common
explanation for these parallel phenomena, and to suppose the dissolved
particles to be in a state of continual spontaneous motion, like the
particles of a gas, and therefore capable of exerting a pressure, moving
against gravity, and diffusing.

The existence of this osmotfic pressure can be easily proved.
It is not manifest at the boundary surfaces of a solution, being counter-
acted by an internally directed pressure of the order of 1000 atmo-
spheres, due to the surface tension of the solvent. To demonstrate its
existence the influence of the solvent must be eliminated. This con-
dition can be realised experimentally if we enclose the solution in a
vessel through the walls of which the solvent molecules can freely pass,
but which is ¢mpermeable to the particles of the solute. These particles
will still exert their pressure on the walls, whereas the solvent will no
longer have any effect, but will behave as an indifferent medium.

Such a semi-permeable membrane can be readily prepared by forming
a layer of cupric ferrocyanide in the interior of the walls of an ordinary
unglazed porcelain pot. K,FeCy, solution is allowed to diffuse into the
walls from the inside of the pot, and CuSO, solution from the outside.
The precipitate forms in the structure of the wall, the pot being subse-
quently thoroughly freed by washing from soluble salts. (To obtain
a membrane which will withstand high pressures, additional precautions

must be taken.)
38
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The apparatus is then built up as shown in Fig. 6. In the top of
the porous pot, containing, for example, a sugar solution, a glass tube is
cemented with sealing-wax. This is connected with a manometer,
and has also an open T-piece @, which is sealed
off after the glass tube has been cemented on.
The level of the manometer liquid is indicated
by bb. TFinally the pot is immersed in a
vessel of water.

What happens is as follows. At the semi-
. permeable membrane equilibrium is non-
existent. There is a resultant pressure differ-

ence equal to the osmotic pressure of the
dissolved sugar. Also the walls are permeable
to the solvent. The conditions correspond to
those of a gas put into communication with
a vacuum. The gas tends to expand—to
lower its pressure. The solution tends to
dilute—to lower its osmotic pressure. The
gas expands by particles entering the vacuum,
the solution dilutes by solvent entering
through the walls. This process tends to 4
continue until there is no difference of os-  Fie. 6.—Osmometer.
motic pressure between the two sides of

the membrane, in this case indefinitely, as there is no sugar outside
the porous pot.

But there is an opposing force acting. The gaseous analogy is a
weighted piston closing a vacuum. The gas will only expand into the
vacuum until its pressure falls to that exerted by the weight on the
piston. Here the solvent entering the porous pot compresses the air
above the solution, and this alters the level of the manometer liquid.
The increased pressure in the apparatus tends to force the solvent out
through the porous wall. As the process continues, the osmotic
pressure of the solution decreases, owing to dilution, and the pressure
in the apparatus increases. When these pressures are equal, no more
solvent will enter. Equilibrium is attained, and the pressure indicated
by the manometer is equal to the osmotic pressure of the solution in
the cell—not equal to the osmotic pressure of the solution originally
present, but to that of the more dilute solution formed at the finish.
This difference can be made very small by choosing a manometer of
narrow bore, and filling it with a heavy liquid.

-

2. Solution Laws

It was in 1885 that Van’t Hoff showed the full theoretical significance
of this phenomenon, though its existence had long been known to
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botanists. In particular, the well-known plant physiologists Pfeffer,
de Vries, and Traube had done much experimental work in that
field. The excellent properties of the cuprie ferrocyanide membrane
were first demonstrated by Traube, and it was to Pfeffer’s measurements
on the osmotic pressure of sugar solutions that Van’t Hoff applied his
calculations.

He showed that the solutions, if not too concentrated, behaved
quantitatively as if the sugar were in the gaseous state, occupying
the same volume as the sugar solution—osmotic pressure being, of
course, substituted for gaseous pressure. To be more precise, he showed
that the osmotic pressure P of the sugar solution was proportional to
1ts concentration, or inversely proportional to its dilution v. Thus

Pv = constant.
The gaseous analogy is simply Boyle’s Law
pv = k. ,

Table II contains some of Pfeffer’s results for sugar solutions at -

room temperature.

TABLE II
) Correspondin,

n = % of P in mm. culc\flatetll g .
sugar of Hg gas pressure =

1 535 o327 44

2 1016 1054 She
274 1518 1449 i

1 2082 2108 Y

6 3075 3162 i

The osmotic pressure rises with increase of temperature, and Van’t
1
273
—the figure observed by Gay Lussac for perfect gases heated at constant
volume. The osmotic pressure is thus proportional to the absolute
temperature. Table III illustrates this. It contains Pfeffer’s results
for a 1 per cent. sugar solution, expressed in atmospheres. The formula
from which the ‘ calculated ’ values are obtained is

P = 0655 (1 -4 000366 0).

Hoff showed the coefficient of increase of pressure per 1° C. to be

TABLE III
Observed Calculated .

. pressure pressure R mnco

68 0664 atm. 0-671 atm. -+ 0007
137 0691 0-688 — 0-003
14-2 0671 0688 -+ 0-017
155 0-684 0692 -+ 0-008
220 0721 0-708 — 0013
320 0-716 0732 + 0-016

36-0 0746 0-741 — 0:005
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For strengths of sugar solution other than 1 per cent., the equation
becomes ]
P=0655.n (14 000366 6),
where n is the percentage of sugar dissolved. This value # is inversely
proportional to the dilution v, and we can put

ke

n — —
v

Substituting Q% for 000366 and absolute for Centigrade temperature,

we obtain
_ 0655 kT
- w318
or
Ry ="l
The corresponding gas equation is
pv=RT

and if one gram-molecule of gas or of dissolved substance be considered
and the same units used, it is found that &, = R."

For example, a 1 per cent. sugar solution at 7° C. had an osmotic pressure of
505 mm. (Pfeffer). Then

506 2
= 760 =3 atmosphere
T = 273 + 7 = 280°.
The formula of cane sugar is C;oHsy0,;, the molecular weight consequently 342.

One gram occupies 100 c.c. of solution ; 342 grams would thus occupy 34-2 litres.
The value of ks in litre-atmospheres per degree is therefore

348 54 2
280 x 3

The gas constant R, expressed in the same units, is 0°0821. We can
consequently write

= 00814.

Py =RT.

The whole analogy between dilute solutions and perfect gases is
most strikingly shown by the following statement, so very similar to
Avogadro’s Law. At the same osmotic pressure and the same temperature,
equal volumes of solutions contain the same number of dissolved molecules.

The above results of Pfefler were obtained by rather crude methods,
and the agreement is often imperfect. In recent years the technique
of these measurements has been fully worked out, more particularly
by Morse and his collaborators in America, and possible errors have been
attacked and eliminated in detail. Very high osmotic pressures can
now be measured with considerable exactness. Some of the results of
Morse and Frazer on sugar solutions follow. In the calculation of
Pfeffer’s approximate figures in the above tables, no distinction was
made between weight and volume percentages. In Tables IV and V
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3. Determination of Molecular Weight of Dissolved Substances

From Osmotic Pressure Measurements.—It is clear that if
we know the osmotic pressure and temperature of a solution, and
also the concentration of the solute, we can calculate the molecular
weight of the latter. Using.the gas constant R, the equation

Pv=RT

holds for that volume of solution containing one gram-molecule of the
dissolved substance. If » gram-molecules are contained in the volume

v, the equation becomes,
Pv = n RT.

14
Measuring P therefore, and knowing v and T, » can be calculated. But
if m be the mass of solute dissolved, and M is its molecular weight, we
have
m = nM,

whence M can be calculated.

For example, a solution containing 40 grams of dissolved substance per litre
shows an osmotic pressure of 274 atmospheres at 14° C. What is the molecular
weight of the dissolved substance?

We have P =2-74: v=10: T = 287: R = 0-0821.

Whence, from Pv = nRT, we get n = 01163,

Substituting in the equation

m = Mn,
where m is 40, we finally have
M = 344.

From Vapour Pressure Measurements.—But in practice osmotic
pressure measurements are not easily carried out. They are tedious,
and a membrane that will serve for one series of measurements may
be useless for another, owing to its permeability to the dissolved
substance. A cupric ferrocyanide membrane is in general an efficient
one, but is useless for many electrolytes, e.g. potassium nitrate. Other
methods of ascertaining the molecular weights of dissolved substances
are generally used. We have seen® that the vapour pressure of a
solution is lower than the vapour pressure of the solvent, and that,
putting

Po = vapour pressure of solvent,

p = vapour pressure of solution,

n’ = number of molecules of solute dissolved in
n molecules of solvent,

we have the relation
’ |

Pl ket
Po —'n'-f-n

1.p. 22,
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or, where n’ is small compared with #, that is, when the solution is a
dilute one,
Po s Pt E "
Po T n
If M, »/, are the molecular weight and mass of the solute, and M, m,
the molecular weight and mass of the solvent, we have, as before,
m = Mn and m’ = M'»n’,
and the equation becomes
P—p m M
e T, M

Consequently by measuring p, m’ and m, and knowing p, and M, we
can calculate M. In the particular case of a 1 per cent. solution,
e and we get
m — 100’ B
r Po—P M
1\1 . == — =
po 100 °

or, expressed fully, the product of the molecular weight of a dissolved
substance into the relative lowering of vapour pressure of the solvent
in a 1 per cent. solution is equal to the molecular weight of the solvent
divided by one hundred. In accordance with this the values of p
for solutions of perchlorethane, turpentine, cyanic acid, benzoic acid,
trichloracetic acid and benzaldehyde in ether were found to be
0°71-0°72 (molecular weight of ether 74). Similarly for water the
figure is 0°185 (theoretical value 0-18).
From Freezing-point and Boiling-point Measurements.— But
vapour-pressure measurements, like osmotic-pressure measurements,
are not readily carried out. In practice,
Jreezing-point and boiling-point determina-
tions are made. In Fig. 7, AB represents
the sublimation curve of ice, and BC the
- vaporisation curve of water. The point
B corresponds to the freezing-point T.
Let DE represent the vapour pressure
curve of a solution. It cuts the curve
AB at D. At this point and the corre-
sponding temperature T’, the solution and
Fia. 7. ice have the same vapour pressure, and
consequently T’ is the freezing-point of
the solution. The freezing-point of a solvent is thercfore lowered
by the presence of a solute,
And we can easily see that, as in the immediate neighbourhood of
the freezing-point, the different curves can be regarded as straight lines,

Pressare
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this depression is proportional to the lowering of vapour pressure of
the solvent. Thus if DE and D’E’ (Fig. 8) denote the vapour pressure
curves for two different solutions of freezing-points respectively D and
D’, BF and BF’ will be the two lowerings of vapour pressure, and DG
and DG’ the two depressions of freezing-point. Then we see at once
that

BF BD DG

BF ~ BD' DG
Hence the freezing-point of a solution is lower than that of the solvent
by an amount directly proportional to the molecular concentration of the
solute. If dT represents the depression
of freezing-point, '

’ 7 I ¢
ar — 2% R :
n m M é B
A similar proposition can be proved wid
for the boiling-point, which is higher, 2 / .
not lower, for the solution than for /A
the solvent. = &
These relations were discovered Temperaiure.
empirically by Raoult, and employed Fia. 8.

by him to determine the molecular
weights of many substances in solution. Van’t Hoff succeeded in
deducing them thermodynamically, in showing their connection with
the osmotic pressures of the solutions, in actually calculating Raoult’s
empirical constants for many solvents from latent-heat and freezing-
point or boiling-point data,—in a word, in putting the whole subject
on a sound theoretical basis.

If we rewrite the last equation, referring the freezing-point de-
pression to a quantity of solution containing 100 grams of the solvent,
we get

n'M
dT =§ . 5
=k .n

1t was the value of the constant ” which Van’t Hoff calculated. His
calculation cannot here be considered in detail, but it will suffice to
give the final result, which is

% 5 RT*
T 10T
or, putting R =2 cals.,
¥ =002 =
il 7

where T is the freezing-point and L the latent heat of fusion per gram
of the pure solvent.
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Table VI shows how closely the values of %" thus calculated agrce
with the same found by freezing-point measurements.

TABLE VI
4 ik k’ experi-
Substance 'R L 0-02 T B el
Water .. . i L 273 803 186 18-4
Acetic acid o db o 290 43-2 38-8 396
Formic acid .. = = 2815 556 28-4 27-7
Benzene = o ¥ 278 29-1 530 50-0
Nitrobenzene .. e . 2783 22-3 695 70-7

As an example of a freezing-point molecular weight determination,
we may take the following :—

The freezing-point of 20 grams of water is lowered 0:362° by dissolving in
it 0-3 gram of a substance A. What is the molecular weight of A ?

Substituting dT = 0-362 and k" = 184 in the equation dT = k’n’ we get
n’ = 0-0197.

A concentration of 03 gram per 20 c.c. corresponds to m’ = 1:5 grams per
100 grams of solvent.

Whence by substitution in

m' = h[ln’
15
wo get M = Go1g7 = 76

The relation connecting an sncrease of the boiling-point of a solvent
and the gram-molecular concentration of the solute is very similar.
These equations have been verified for many solvents and solutes, and
have proved of great service in the measurement of the molecular
weights of the latter. Like the osmotic-pressure equations, they only
hold strictly for dilute solutions ; with strong solutions complications
arise, similar to those occurring in the theory of highly compressed
gases. But even in the field of dilute solutions, there is a large and
important class of apparent exceptions.

4. Anomalous Behaviour of Electrolytes

All solutions of strong electrolytes (strong acids, bases, and their
salts) show an anomalous behaviour, giving abnormally large osmotic
pressures, lowerings of vapour pressure and of freezing-point. Such
solutions behave in fact as if they contain a larger number of molecules
than would be calculated from the weighed amount of substance dis-
solved, Thus, instead of the equation

Pv=RT
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holding for the osmotic pressure of that amount of solution which
contains one chemical gram-molecule of solute, the relation

Pv=1RT

must be used, where i—the Van’t Hoff factor—is always greater than
unity, though seldom exceeding three. Similarly the lowering of
vapour pressure is given by

’

Po—p_
Do n
and the lowering of freezing-point by
dT=Fk.i.-
n

Moreover, for the same solution, the same value of 7+ must be introduced
into these various equations. With increasing dilution of the solution,
it becomes greater, and finally approaches some simple integral limiting
value.

To illustrate this abnormal behaviour, we may take vapour pres-
sure measurements of aqueous solutions of electrolytes. We have seen?
that for a 1 per cent. solution, the product of the molecular weight of .
the dissolved substance into the relative lowering of vapour pressure
of the solvent should equal the molecular weight of the solvent divided
by one hundred. For water the value of this constant (p) should be
0-18, and has been found by experiment to be 0-185 for non-electrolytes.
With electrolytes the values of Table VII are obtained.

TABLE VII

Solute P t

KAe " 0-326 176
LiCl 0-359 1-94
LiBr 0-367 198
KCNS 0-327 177
Ca(NOs), 0+432 2:34
CaCl, 0-423 2-29

When similar behaviour is encountered in the measurement of
gaseous vapour densities, the abnormal values are attributed to dissocia-
tion of the normal molecules into simpler constituents, e.g. PCl; into
PCl, and Cl,. In precisely the same way the abnormal results discussed
above are explained by the dissociation of the molecules of the electro-
lyte into simpler constituents, each of which can act as a separate
individual in determining the osmotic pressure or vapour pressure of

'P.44,
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the solution. This dissociation is greater in dilute solution, just as
the dissociation of gaseous substances, when taking place with an
increase in the number of molecules, is greater at low pressures.

The factor 7 gives the ratio of the total number of particles in solution
to the number that would be expected to be present, judging from the
molecular weight and quantity dissolved of the substance. What
the nature of these simpler constituents is will be shown in Chapter VL.

Literature.

Le Blane. Electrochemastry.



CHAPTER V
IONIC TRANSPORT DURING ELECTROLYSIS
1. Mechanism of Migration of Ions

Ix Chapter III we dealt with the phenomena occurring at the elec-
trodes when electricity enters or leaves an electrolyte, and saw how pro-
portionality exists between the quantity of electricity and the quantity
of matter with which it is associated. In Chapters V and VI we
must consider the mechanism of the passage of electricity through the
electrolyte.

Views of Grotthuss.—Our present ideas on this subject sprang
originally from Grotthuss.
Previously to him, the view
was that when a current
passed through an electro-
lyte, liberating positive and
negative constituents at the
electrodes, these positive and
negative constituents arose
from the same molecules.
Each molecule of the electro- Fie. 9.
lyte was therefore separately
decomposed, and furnished its decomposition products simultaneously
at the electrodes.

But according to Grotthuss this was incorrect. On applying a
voltage to electrodes dipping in an electrolyte, the molecules were first
polarised, all their positive parts becoming turned towards the negative
pole, and vice versa, as in Fig. 9 (a). When the voltage exceeded a
certain value, decomposition commenced, and the positive and negative
ions nearest the negative and positive poles respectively were torn
away from their molecules, the charge passing off through the electrodes,
and the material part being liberated, as in Fig. 9 (b).

The next stage was an interchange of the different ions along the
whole series of polarised molecules, resulting in the neutralisation of
the free ions y y according to Fig. 9 (c). Lastly the molecules were
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l
twisted round under the influence of the electric field, and assumed

the position (d), similar to (a), ready for the cycle to recommence. :

Views of Faraday.— In Grotthuss’ conception, therefore, the
opposed attractive and repulsive actions of the two poles form the
essential feature. Faraday modified this idea and made it less rigid.
He regarded the applied voltage as simply influencing the forces of -
affinity which play between the electro-positive and electro-negative
parts of the molecules, and causing the oppositely charged ions to
wander more markedly in one direction than another. The essential
cause of the passage of electricity through the electrolyte lies as much,
therefore, in the nature of the dissolved substance as in the presence of the
electrodes, which are regarded by Faraday merely as ‘doors’ by
which electricity enters or leaves the electrolyte, and only capable
of influencing the direction of motion of the different ions.

According to him, it is simplest and ¢ most philosophical * to state
that, during electrolysis, such substances as oxygen, chlorine, and
iodine wander (migrate or are transported) towards the positive pole, and
bodies like hydrogen and the metals towards the negative pole. This
is virtually the view adopted to-day of the transport of electricity
through an electrolyte.

2. Quantitative Relations of Ionic Migration I

The questions which immediately arise are the following. With
what actual velocity will a given ion migrate towards an electrode under
given conditions ? And do all ions migrate at the same rate under the
same conditions ? The first question cannot be answered until the
next chapter, when we shall deal more fully with the nature of the ions,
and their relations to the neutral molecules. The second point will
now be treated.

Effect of Differing Ionic Velocities, — There is no reason
a priors for assuming that the different ions will migrate at the same
rate under the same conditions. As a matter of fact they do not.
Let Fig. 10 (a) represent the successive stages of an electrolysis, sup-
posing that the ions do all move at equal rates, and let the vertical
dotted line represent a diaphragm, dividing the cell into two parts.
Then we see that the diminution of concentration is the same at any
moment in the two parts of the cell. Thus, when two molecules have
been discharged, the concentration in both anolyte and catholyte has
fallen by one molecule ; with four molecules discharged, the concen-
tration has decreased by two molecules in each compartment. If,
therefore, the ions taking part in the electrolysis move at the same rate
under the electric field, and if nothing takes place at anode and cathod

beyond the mere discharge of ions, the concentration changes produce
at the electrodes will be identical.
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But suppose, on the contrary, that the oppositely charged ions move
at different rates, as actually occurs. ~ Let the positive ions have twice
the velocity of the negative ions. Then Fig 10 (b) will represent the
course of electrolysis. And we see that the diminution in concentra-
tion in the anode liquid from which the more rapidly moving positive
ions are migrating is greater than the diminution in the catholyte.
Moreover, the ratio of these two diminutions of concentration is 2: 1,
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identical with the ratio of the relative velocities of the ions. Thus,
when three molecules have been discharged, the catholyte concentra-
tion has decreased by one molecule, the concentration at the anode
by two molecules.

This is a perfectly general result. If the cation moves five times
as fast as the anion, the diminution in concentration in the anode com-

partment will be five times as great as that in the cathode compartment,
and we can write

Diminution in concentration at cathode  velocity of anion 1,
Diminution in concentration at anode ~ velocity of cation

C
E 2
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In this way, therefore, by measuring the concentration changes at the
electrodes during electrolysis, we can get a value for the ratio of the
velocities of the different ions.

If, for example, in the electrolysis of hydrochloric acid at platinum electrodes,
it were found that the diminution of acidity in the anolyte corresponded to a nor-
mality of 0-21 and in the catholyte to a normality of 0:046, we should have

u, 021

=008 — 4-56.

_A

Ug

Transport Numbers.—It is evident that the relative fractions

of the current carried through the electrolyte by the different ions will

vary directly as the velocities of the ions, if these are of the same

valency. If the anion moves four times as quickly as the cation, it

will carry four times as much current. Suppose a fraction n, of the

total current carried by the anion, and hence 1 — n,= n_ by the cation.
Then we have

u, velocity of anion fraction of current carried by anion =,

u,  velocity of cation _ fraction of current carried by cation ~ n,

The values n, and n, are termed the transport number or migration
ratio of anion and cation respectively for the given electrolyte. They
are connected by the equation

n, +n,=1,
and express both the relative velocities of and the relative fractions
of current carried by the different ions. Nothing is implied as to the

influence of concentration, ete., and any given figures must be regarded
as holding good for one particular set of conditions only.

3. Determination of Transport Numbers

The first worker in this field was Hittorf (1853-1859), who recog-
nised that there were no grounds for assuming that all the ions would
move at the same rate. He carried out many careful determinations
of transport numbers, and was able to make important deductions on
the constitution of aqueous solutions of certain salts. The principle
on which his measurements were based is essentially the one dis-
cussed—the determination of concentration changes produced near
the electrodes during electrolysis. The forms of apparatus he used
have now been superseded by more accurate and convenient ones.
Hittorf had no high voltages at his command, and was unable therefore
to use long columns of liquid in his experiments. To avoid diffusion
effects, he employed diaphragms, the use of which is open to objection.
And he was further unable to produce large differences in concentration.

A more modern but nevertheless simple type of apparatus, used by
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Nernst and Loeb,! is shown in Fig. 11.  Suppose the transport numbers
of a silver nitrate solution are being determined. The cathode, con-
tained in the bulb on the right, consists of silver foil. The anode is a
spiral of silver wire, fused into a thin glass tube. It is introduced into
the limb on the left through the rubber stopper A. The level of the
electrolyte is indicated in the figure. The apparatus is put in series
with a current source and a silver coulo-
meter, and a suitable quantity of elec-
tricity, measured by the coulometer,
passed through. When the experiment
18 completed, the heavy anode liquor
in the bottom of the long limb is blown
off through C by means of the tube at
B, and collected separately. The
‘middle’ liquor, which in an actual
experiment might occupy the space
between @ and b, and finally the lighter
cathode liquor are withdrawn and col-
lected, in each case separately. These
three fractions are then weighed and
analysed. Other types of apparatus
have been employed. That of H.
Jahn and Hopfgartner * might particu-
larly be mentioned.

Before considering some actual
determinations in detail, there are
certain points to be noted. It is un- gy 11.—Transport Number
desirable for accurate determinations Apparatus.
that gases should be evolved at either
electrode, as the different parts of the electrolyte may thereby be
mixed. If the migration ratios are being determined for a substance
like silver nitrate or copper sulphate, obviously no question arises
of disturbances occurring at the cathode. But if an insoluble
anode be used, free acid will be formed, and oxygen evolved. As
the H" ion of the acid travels far more quickly than any other cation,
the relations may be obscured not only by mixing due to the gas, but
also by an appreciable fraction of the current being carried by the
H’ instead of by the Ag’ or Cu™ ions.

The remedy is to use a soluble anode of the metal whose ion is
already in solution—in the present case silver or copper. The compli-
cation thereby introduced must be allowed for in the subsequent calcu-
lation. Sometimes it is impossible to use such an anode, as in the
determination of the transport numbers of a salt of an alkali metal. In

} Zeitsch. Phys. Chem. 2, 948 (1888).
2 Zeitsch. Phys. Chem. 25, 119 (1898).
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that case an anode of amalgamated zinc or cadmium is used, a device
employed by Hittorf. Both zinc and cadmium ions, more particularly the
latter, move very slowly in the electric field, will not catch up the alkali
metal ions, and consequently will not disturb the transport relations.

Similar complications can occur at the cathode if the transport
numbers of an acid or of a salt of an alkali metal are being determined.
The evolved hydrogen stirs up the liquid, and any free OH’ ions pro-
duced, which, like the H" ions, can travel very quickly, catch up the
anions of the original electrolyte which are moving towards the anode,
and upset the transport relations. To avoid this, the cathode is
usually covered with a saturated layer of some very soluble salt, such as
ZnCl, or Cu(NO,),, the anion of the salt being identical with that in the
main electrolyte. With HNO,, Cu(NO;), would be used, and ZnCl,
with an alkaline halide. This done, no hydrogen is formed, as zine
or copper is deposited at the cathode; and consequently no free
alkali is produced, as is the case in the electrolysis of an alkali metal
salt solution without this precaution.

Another method has been introduced by Noyes,' to counteract the
disturbing influence of the OH’ and H' ions. This consists in their
continued neutralisation by the addition of measured quantities of acid
and alkali to catholyte and anolyte respectively. By eliminating
disturbing effects in that way, long-continued experiments can be
carried out, resulting in greater concentration changes and more
reliable data.

In every experiment, it must be definitely shown that no mixing
or diffusion has taken place between the anode and cathode liquors;
and consequently the middle layer must always be unchanged in
composition after the experiment, otherwise the results of the deter-
mination must be rejected.

Examples.—We append a couple of examples. The second shows
the type of calculation which exact experiments furnish.

1. In the determination of the transport numbers of a dilute AgNO, solution
(1-98 grams AgNO,in 100 grams solution) it was found that the increase of silver
in the anolyte was 01298 gram (using a silver anode) and the decrease of silver
in the catholyte 0:1300 gram. The middle solution was unchanged in composition.
0-2470 gram of silver was deposited in a silver coulometer placed in circuit.
What are the transport numbers for the given solution ?

As 02470 gram of silver has been deposited in the silver coulometer, the
same weight has been deposited in the cathode compartment of the migration
apparatus. But the decrease in the catholyte is only 0:1300 gram. Hence
(02470 — 0-1300 = 0-1170) gram has migrated into the cathode compartment
from the anolyte. Similarly 0-2470 gram of silver has been dissolved from the
anode, and as the increase of silver in the anode compartment is only 0:1298 gram,
it follows that (0-2470 — 01298 = 0-1172) gram of silver has migrated to the
cathode. Taking a mean of these values, we find that as a result of the experiment,
the clectrode reactions being climinated, 0°1171 gram Ag has been transferred

! Zeitsch. Phys. Chem. 86, 63 (1901).
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from anode to cathode compartment. If the Ag-ions had carried the total current,
02470 gram of silver would have been transported. Therefore

sl myg O
By +ng  Mxo,+ 7y 02470 Eere
Hence ny, = 0474

o, = 10 — 0°474 = 0°526.

2. The transport numbers of a dilute K,SO, solution are determined by the
method of Noyes. The catholyte analysed after the experiment contained 8:4394
grams K,S0,, and weighed 49312 grams. Of this weight 60-78 grams represent
dilute H,SO, added to maintain neutrality, and to compare the final K;SO, concen-
tration with that at the start of the experiment this is subtracted.

Then another correction must be made. K ions have entered the cathode com-
partment, SO,” ions have left it, hydrogen gas has been evolved. The net result
of these effects is calculated to be a decrease in weight of 0-14 gram, and is there-
fore an additive correction. The corrected weight of the catholyte comes to
(493-12 — 6078 - 0-14 = 432-2) grams. The amount of K,SO, originally present
in this was (432-2 x 0-017247 = 7-4591) grams. Hence the increase of K.SOy in
the cathode compartment is (8:4394 — 7:4591 = 0-9803) gram, or, plus another
small correction, 09816 gram. The equivalent weight of K,SO, is 87-13, and

'9816

3713 = 0-01126.
During the experiment 2:4594 grams of silver were precipitated in the silver
2———1?;9; =0'02279. If ng were
unity, the increase in the equivalent concentration of the K;SO, would have been
the same. Thus

hence the increase, expressed in equivalent weights, is

coulometer. Expressed as equivalents, this is

LA
7K = 0:02279 = p

4, Quantitative Relations of Ionic Migration II

Migration ratios have been studied in recent years by Noyes and
by H. Jahn and his pupils (Bein, Tower, etc.), and many have also
been measured by Steele and Denison, using a method essentially
different in principle from the one described above. The results
of these investigations substantially confirm Hittorf’s work of half a
century earlier.

Before undertaking any extensive measurements, Hittorf investi-
gated the effect of current strength, concentration, and temperature on
the transport numbers of certain salts. He found first of all that the
influence of changes in current strength, when diffusion and heating
effects were eliminated, was negligible. Thus with a certain copper
sulphate solution, using currents of ratios 113 : 420 : 958, he found as
values of ny, — 0291, 0-285, 0-289. The quantity of any ion trans-
ported in an experiment depends only then on the quantity of elec-
tricity which passes through the electrolyte, not on the rate at which
it is sent through. Hittorf then showed that with certain very simple
salts, such as the alkaline halides, the transport ratios were only very
slightly dependent on concentration, but that as a rule they showed
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variation in the stronger solutions, and only beeame constant at a
certain limiting dilution. Thus potassium chloride and silver nitrate
solutions gave the following values :(—

Parts of water Parts of water
to 1 part KCl "a to 1 part AgNO; TAg
66 0-516 248 0-532
184 0514 | 518 0-505
394 0515 | 14-5 0475
4944 0474
254 0515 l 1046 0-474
2473 0476

Sometimes the change in the transport numbers with change in
concentration was very marked, and we shall presently see the im-
portant deductions Hittorf was able to make in those cases. He also
investigated the effect of temperature on transport numbers. Owing
to his method being insufficiently exact, he could detect no marked
effect. From later measurements, however, it is now known that, as
the temperature is raised, the rates of migration of most ions, parti-
cularly monovalent ones, tend to become equal to one another, and
consequently the transport numbers of the salts tend to become more
nearly 0'5 at higher temperatures (Kohlrausch).

A table of the general numerical results obtained by different workers
is given in Appendix I. Here we need only remark on the low value of
n, for acids, indicating a very high velocity for the hydrogen ion, and
also how high the value of n, i3 compared with n, for other anions.

5. Applications of Ionic Migration Phenomena

All the above considerations relate to electrolytes containing one
salt only in solution. The important question of how the current is
carried in solutions containing a mixture of two or more salts will
be referred to in the next chapter, after dealing more fully with the
condition of the dissolved molecules in an electrolyte. Our chief
interest in the subject of ionic migration lies, indeed, in the light it
throws on this matter and in the essential role it has played in the
development of the theory of electrolytes, as we now know it.

Application to Chemical Questions.—But, that apart, the study
of transport relations has also often led directly to very important
deductions concerning the constitution of electrolytic solutions. Thus
Hittorf determined the transport ratios for a solution of SnCl,, which is
acid in reaction. He found the value of ng to be practically identical
with the value it would have if the SnCls; Were completely hydrolysed
according to the equation

SnCl, + 4H,0 — Sn(OH), + 4HCI

and concluded that such was the case. His view was later confirmed
by another (thermochemical) method.




v.] IONIC TRANSPORT 57

Again, when electrolysing potassium ferrocyanide solutions, Daniell
found that the iron concentrated at the anode, and therefore must
be associated with negative, not positive electricity. He accordingly

4 ————

++
gave the salt the formula K, (FeCy,) which it still retains, in place
of the previously used double salt formula 4KCy, FeCys,.

Similarly Hittorf found that the platinum in sodium chloroplatinate
wandered to the anode during electrolysis, and proposed for the salt
the modern formula Na,PtClg, in place of the old 2NaCl, PtCl,, And
by observing in each case the movement of the blue colour during
electrolysis, it can be demonstrated that the copper in an ammoniacal
copper sulphate solution is present as a complex cation, but in an alkaline
copper tartrate solution as a complex anion.

Finally, changes in constitution accompanying changes in concen-
tration can be followed by the same method. Thus a dilute copper
bromide solution is blue; as it is concentrated it becomes green,
brownish green, and finally, in very strong solutions, a dark brown.
Denham? has shown this variation to be accompanied by a simultaneous
change in the value of n,,. This is about 0-44 for dilute solutions, but
rapidly decreases, changes sign, and reaches a value of about —0'4in a
5 N. solution. It has been shown that the value of n_ is given by the
diminution of the cation concentration around the anode (disturbances
due to electrode reactions eliminated). A negative transport number
can only mean that the copper concentration increases at the anode
during electrolysis. As in the above cases, we therefore conclude
that in these solutions a portion of the copper, greater the stronger the
solution, is present as complex anion.

It is seldom that transport relations have any direct bearing on a
technical electrochemical process. If electrolysis takes place in a
solution which is kept at rest, concentration changes result near the
electrodes, partly due to unequal rates of migration. But such con-
centration differences are undesirable. They increase the voltage
required by the cell, and may further lead to the production of impure
products at the electrodes. For these reasons (and others) the electro-
lyte is nearly always continually circulated through the cells, or in
some other way mixing is effected. Concentration changes are thus as
far as possible destroyed, and hence calculations involving transport
numbers usually find no application. In a few cases this is not so.?

Literature
Le Blanc. Electrochemastry.

} Zeitsch. Phys. Chem. 65, 641 (1909).
2 See theory of alkali-chlorine cells, p. 357.



CHAPTER VI

CONDUCTIVITY OF ELECTROLYTES--THEORY OF ELECTRO-
LYTIC DISSOCIATION

1. Specific Conductivity

WHEN a current flows through an electrolyte, a certain amount of
energy is consumed and degraded into heat, quite apart from what
happens at the electrodes. This is due to the resistance of the elec-
trolyte. Since all ways in which electrical energy is consumed during
an electrolysis are of importance to the technical electrochemist, the
subject of the resistance of electrolytes, apart from its wider theoretical
significance, demands a thorough treatment.

The resistance of an electrical conductor depends not only on the
material of which it is made, but also on its dimensions, and before
the resistances of two substances can be compared all questions of
relative size or shape must be eliminated. The resistance of a con-
duetor of uniform eross section is given by

R=7’-~l,

a

where 7 is a constant, depending on the particular material and on the
units used, ! the length, and a the cross-section. If I and a be made
unity, we have

(IR = s

r 18 therefore the resistance of a unit cube of the conductor, and is
termed the specific resistance of the substance. If the ohm and the
centimetre be employed, it expresses the resistance of the material
in ohms per centimetre cube.

But generally electrolytes are not so much compared by means of
their specific resistances as by their specific conductivities. Certain
important theoretical relations are thereby rendered elearer. Just as
the conductivity of a substance is the reciprocal of its resistance, so
is its specific conduetivity the reciprocal of its specific resistance.

58
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1If the latter be denoted by r and the specific conductivity by &, we
have N

K =

~

where « is given in reciprocal ohms. Just as the specific resistance
of a substance is the voltage which must be applied to two opposite
faces of a centimetre cube in order that a current of one ampere may
flow across the cube, so the specific conductivity is the current which
would flow across such a cube on application of a potential difference
of one volt to two opposite faces. It is in fact given by

current per unit area __ current density
potential fall per unit length "~ potential gradient

9. Determination of Conductivity

General.—Conductivity determinations are readily carried out
by means of Wheatstone’s Bridge, shown in Fig. 12. ACB and
ADB are two paralleled circuits through which current flows from a
source E. The resistance R between A and C is known (usually a
resistance box) and can be regulated ; the resistance z is unknown.

P
e

Fic. 12.—Wheatstone’s Bridge.

The branch CD containing a galvanometer or some other form of current
detector is fixed at C, but makes connection by means of a sliding
contact D with the stretched uniform graduated wire AB. This
usually consists of platinum-iridium or of constantan, a hard, un-
tarnishable, copper-nickel alloy, and is one metre in length. By moving
D, the relative sizes of the resistances AD and DB can be altered
at will.

Now the two ends of the circuits ACB and ADB have common
potentials. Hence, if the potential at A be higher than that at B, there
will be a gradual potential fall along both circuits in the direction of
A to B, and every point in the circuit ACB will have a corresponding
point in the circuit ADB at the same potentiak. Suppose now the
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contact D is moved along the wire AB. As long as the potentials of
C and D differ, a current will flow one way or another through the
circuit CD, and will be indicated by the instrument G. When the
potentials of C and D are identical no current will flow. In making a
measurement, this point is found by suitably regulating R and by moving
D, and the reading on the slide-wire scale taken. The wire being
uniform, the relative resistances of the branches AD and DB are at
once obtained. Let them be R, and R, respectively, and suppose the
currents in the branches ACB and ADB to be I, and I, respectively.
Then, if E, and E, are the potential falls AC = AD, and CB = DB,
we have

E, = 1R E, =12

E, = LR, E: = LR,
Or
E — R—l and £ = R,
| PO a0 b
And finally
Ri R
Rt o8

from which equation = is calculated.

Thus if R is 48 ohms, and the reading on the slide-wire (100 divisions) is
72:46, we have

R, = 7246 Ry = (100 — 72°46) = 27-54,
and therefore
R 2754
(1= R_l R = 7246 48
= 1824 ohms.

Of Electrolytes.—When measuring electrolytic conductivities by
this method, several special precautions must be taken. The use of
direct current would decompose the electrolyte. Its actual resistance
would thereby change ; but, more important still, its apparent resist-
ance would alter very considerably owing to losses of potential at the
electrodes caused by decomposition. These polarisation? efiects would
entirely destroy the accuracy of a conductivity determination. A
small induction coil (only needing two volts at its primary terminals)
which furnishes alternating current is consequently employed. With
alternating current, a galvanometer is of course useless. A convenient
current detector is furnished by an ordinary telephone. On reaching&
the equipotential point on the slide-wire, a very sharp minimum of
sound can be obtained, using a good coil. As the movement of the
sliding contact tends to obscure this, it is customary to connect the

! See Chap. IX.
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telephone to the ends of the slide-wire, and to put the coil between C
and the sliding contact. The final arrangement, therefore, is as in
Fig. 13, where F represents the primary cell, H the induction coil,
and K the telephone. The
alternating EM.F is applied
at C and D, the current
traversing the parallel circuits
CAD and CBD. R and D are
adjusted until the telephone
indicates a null potential differ-
ence between A and B. Then

AD R
BD =

Fic. 13.—Apparatus for measuring
To deduce the specific con- Electrolytic Conductivities.

ductivity of a solution directly

from a measurement carried out on it, the vessel used must be of exact
geometrical shape, its dimensions very exactly determined, and the
electrodes very carefully inserted. This is tedious, and there are
further slight uncertainties as to whether the current is passing
through the liquid quite uniformly over the measured path, etc.
For these reasons it is best to use a more convenient vessel whose
dimensions need not be exactly known, but in which the experimental
conditions can be subsequently reproduced without fail. Its conduct-
ance is measured, using a solution whose specific conductivity has
been determined once for all. This done, a further determination
and a comparison will furnish the specific conductivity of any other
solution. If the conductance of the vessel filled with the standard
and the unknown electrolyte be respectively A and A’, and if the
specific conductivity of the standard electrolyte be known to be «o,
we have for x the unknown specific conductivity

Ko ’ ’
ok A —DRA
K is termed the cell constant for the particular vessel. When once
determined, the specific conductivity of any liquid can be directly
calculated from a conductivity measurement, using the above equation.
Various solutions are used as standards. The commonest are N.
ﬁ potassium chloride and maximal or best conducting sulphuric acid.
This is 30 per cent. by weight and of 8 = 1-223 at 18°, at which tempera-
ture the specific conductivities of these two solutions are respectively
009822 and 0-7398 reciprocal ohms per centimetre cube.
Resistance vessels of various types are used, two being illustrated
in Fig. 14. In (a) the body is of hard glass, which is only slightly
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attacked by aqueous solutions. The electrodes are of stout platinum,
cemented into glass tubes, and lie horizontally, one above the other.
The tubes pass through the ebonite lid, where they are securely cemented
and are further connected by sealing-wax at A. In this way the
electrodes are held in the same relative positions to one another, and

r—?'_-:SJJLDJ

@)

((22]

Fig. 14.—Conductivity Vessels.

the cell-constant is prevented from altering. Before use, the electrodes
are platinised with a solution containing 3 per cent. of chlorplatinie
acid and 1y per cent. of lead acetate, freed from platinum salts by
electrolysis with dilute sulphuric acid, and finally thoroughly washed
with distilled water. Polished platinum electrodes give a far poorer
sound minimum with the telephone when at the right point on the
bridge, particularly with solutions of good conductivity. Fig. 14 (b)
represents a type of vessel that can be conveniently dipped into a large
working electrolysis tank, when determinations must be made on the
spot.

In carrying out precision conductivity measurements, great care
must be taken to purify the water used. XEven when all dissolved salts,
ammonia, and carbon dioxide have been removed, there still remains
a very slight residual conductivity. This is due to the water molecules
furnishing minute traces of H' and OH’ ions which carry the eurrent.

Conductivity of a Working Cell.—The internal resistance of a
cell which has no current passing through it can be measured in the
way described. If, however, the internal resistance of a cell through
which current is passing or of a cell which is actually furnishing current
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is desired, a different arrangement must be used. The most important
methods for effecting this are those of Block® and of Nernstand
Haagn.* Fig. 15 illustrates the former method applied to a primary
cell which is furnishing current. A is the cell ; B, C, D, resistances of

Fic. 15.—Conductivity Measurement on a Working Cell.

known value, capable of regulation. EF is the slide-wire. G and H
are condensersin the telephone and induction coil circuits respectively.
The dirget current from A travels along the circuit ABCDFE, but can-
not enter the branches KL and MHN because of the condensers G
and H. These condensers, however, do not hinder the passage of the
alternating current from P, and thus the measurement of conductance
is carried out quite independently of the direct current from A. When
a balance is obtained by moving L as usual, we have the following
relation of resistances :—

 : P (SR
A+ (EL) D+ (LF)

from which the resistance of A is directly got.

Conductivity, Concentration and Temperature.—The technique
of conductivity measurements has been chiefly worked out by
Kohlrausch, to whom we also owe the great bulk of our existing
data, and the discovery of several very important relations dealing with
conductivities. Besides depending on the nature of the electrolyte
and the solvent, the conductivity of a solution also depends on its
concentration and on the temperature.

The general effect of an increase of concentration is an increase in
specific conductivity up to a maximum point and a subsequent decrease.

v Zeitsch. Phys. Chem. 58, 442 (1907).
2 Zeitsch. Phys. Chem. 23, 97 (1897). Zeitsch. Elektrochem. 2, 493 (1896).



64 PRINCIPLES OF APPLIED ELECTROCHEMISTRY [cHmar.

This behaviour is well shown in Fig. 16. Its significance will be seen
later.

The specific conductivity of an electrolyte increases almost linearly
with temperature. We can write

Ko = e[l + a(9 —18)].

a is 0:02-0025 for salts and bases, and 0-01-0'016 for acids, cor-
responding to an increase of conductivity of 1-25 per cent. per

o8
U9

0-7 b

&

7‘2' 3
ta < ™S
/A ol
/
=

0;\\
|
/

(-]
-3

(-]
o

Al
\
/

0-3
n 02 //i/ﬁ DN T~ \
% ——

01

\ N

\ .

SlamceTaNT ol i 6 T3 IR 12
Concentration in Gram -Equivalents per Litre

Fia. 16.

)
8§
g
S
R
&
oy
S
_ﬁ

degree. This relation holds good for temperatures considerably above
100° (Noyes). For exactly comparable measurements, identity of
working temperature must be carefully ensured. It is also obvious
that, from the point of view of lessened resistance, it is advantageous
in a technical electrolytic process to work at as high a temperature as
possible.

The values of a few specific conductivities and specific resistances
are given in Table VIII. They hold good for 18°.

TABLE VIIL

Electrolyte « in reciprocal ohms r in ohms
1 N. H,S0, 0-20 50
5N. H,80, 0-68 147
1IN. KOH 0-185 541
2N. KOH 025 4-0

4 N. NaCl 0:197 508

1 N. AgNO, 0-068 14-7

1 N. CuSO, 0-025 40

2 N. Na,CO, 0-079 127

3. Equivalent Conductivity

The consideration of speeific conduetivities suffices for practical
purposes. When known, we can tell whether much Joule heat or not
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will be produced on passing a current through an electrolyte. But
for a closer consideration of the mechanism of electrolytic conduction,
and the wider question of the constitution of electrolytes, it is better
to use a different unit for expressing conductivities, that of equivalent
conductivity, the conductivity due to one equivalent weight of dissolved
substance. If for a given solution we denote by % the number of
equivalents per c.c. (it will of course be a small fraction), and if A
represents equivalent conductivity, we have

=)

or better, if v is the number of c.c. of solution containing one gram-
equivalent—that is the dilution in c.c.—we have

VA= 7T

To render the relations of these different magnitudes quite plain,
let us consider a conductivity vessel consisting of a tall vertical rect-
angular prism of unlimited length, open at the top,
and one centimetre square in plan section ABCD .E/’/
(Fig. 17). Suppose two opposite vertical sides ADE
and BCF to be constructed of platinum and to act
as electrodes, the other two sides being of some
non-conducting material (glass). If one c.c. of elec-
trolyte be poured into this vessel, and the conductance
measured, the result will be the specific conductivity
of the solution, as the height of the liquid in the
vessel is one cm. and the current consequently passes
across a centimetre cube. If more solution be poured /

/

in, the conductance of the vessel will continually
increase, proportionally to the quantity added.

When finally the height of liquid in the cell be- D Ve
comes v cm., v c.c. of electrolyte, and therefore one
gram-equivalent of dissolved material, are present. A B
The conductance of the vessel will be v times its Tre. 17.

original value (the specific conductivity), equal
therefore to the equivalent conductivity in accordance with the
above equation. -

Equivalent Conductivity at Infinite Dilution.—We can see that
A has a twofold dependence on v». Not only is it directly pro-
portional to the latter, but its other factor, the specific conduc-
tivity «, decreases as v increases, except in very strong solutions.!
As a matter of fact the work of Kohlrausch and others has shown

! See p. 64.
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that the equivalent conductivity increases with the dilution, at first
quickly, then less rapidly, and finally in many cases asymptotically
reaches a maximum and becomes practically constant.. In other cases
the final figure cannot be experimentally observed, the solutions becom-
ing too dilute for accurate measurement. This maximum value is
termed the equivalent conductivity at infinite dilution, and is denoted
by Aw. We can write in fact

A=aAoo

where q is a fraction less than unity, altering with the dilution and ex-
pressing the ratio of the equivalent conductivity to the maximum
possible equivalent conductivity, that at infinite dilution.

Table IX contains a number of values of Aw and A for different
electrolytes at various dilutions at 18°.

i TABLE IX

N lit I i Acctic

Normalit v in 5 i d

of solubio?\ ‘ litres Kcl AgNOs | H,SO, | HCl Acid $LOL

|
1 ._‘l [
o | 1301 115-80 398:5 | 395-2 - 2387

0-0001 101 12907 115-01 — —_— 107 —_
0-0002 510° 128-77 11456 =14 pre 80 L
0-0005 2-10* 12811 113-88 368 | — 57 -
0-001 10* 127-34 113-14 361 377 41 234
0005 | 210° 124-41 110-03 330 373 20-0 230
0-01 10 122-43 107-80 308 370 143 228
0-02 50 l 119-96 10560 286 367 | 104 225
0-05 20 { 11575 99-50 253 360 648 219
01 | 10 112-03 94-33 225 351 4-60 213
0-5 112 | 102-41 75 205 327 201 197
1 l 1 [ 9827 67-6 198 301 1-32 184:
2 ‘ 05 | 926 —_ 183 254 0-80 160-8

The conducting power then of a gram-equivalent weight of elec-
trolyte increases with the dilution, finally reaching a maximum value
measured by Ao, the equivalent conductivity at infinite dilution.

Ionic Conductivity.—The next step—one of first importance
—was taken by Kohlrausch. He showed that these cquivalent
conductivities at infinite dilution split up into two additive parts,
which can be referred to cation and anion respectively. Moreover, the
equivalent ionic conductivity thus deduced for a particular ion
from measurements on certain salts is independent of the salts and
characteristic of that ion, and if used to calculate the equivalent con-
ductivity at infinite dilution of other different salts will .give correct
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results. That is, Kohlrausch showed that A« for every electrolyte
is an additive function of the ionic conductivities of the different ions.
Denoting these ionic conductivities by /, and [,, we have

Aoo =lA +lc°

The values of a number of ionic conductivities at 18° are given
below :—

R L H 818¢% cloy 55
Na' 436 OH' 174° NO, 618
K 647 cr 654 150" 684
Ag' 540 B 676 } Mg 46
NH," 64 I' 664 1Ca” 518
1Cu" 473
1Pb” 613

Table X contains values of Ao calculated from the above figures,
and values extrapolated from experimental results. The agreement
is excellent. ;

TABLE X
| Salt | 1y ’ lc | A+ A o extrapolated
o t| |

KBr 676 647 | 1323 1323

‘ KOH 174 647 2387 not < 234

. KCIO; 55-0 647 1197 1197

! NaCl 654 436 109-0 108-99
AgNO; | 618 540 | 1158 115-8
NH,NO, 61-8 64 L1258 not < 126-1

[ 3NaSO, | 684 | 436 1120 not < 1105

| : p not < 109-4
3MgCL 654 | 46 | 114 {not o+
1CaCl, 654 51-8 117-2 not < 1152

.' R

4. Electrolytic Dissociation Theory

Before proceeding further, a brief review of what we already know
of the constitution of electrolytes and the mechanism of conduction
may be given. We regard dissolved molecules of electrolytes as com-
posed of two oppositely charged halves—the ions—of opposed chemical
nature When a current passes, these ions travel towards the elec-
trodes, and lose their electricity, the material part being set free.
The velocities with which different kinds of ions travel towards their
respective electrodes under otherwise identical conditions are not
usually the same ; the relative velocities of the oppositely charged

! Chap. ITL. 2 Chap. V.
¥ 2
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ions in any salt can be determined by migration experiments. The
conducting power of a gram-equivalent of an electrolyte increases
with the dilution, finally reaching a maximum.! (Arrhenius, one of
the chief workers on conductivities, divided the dissolved molecules in
an electrolyte into two classes, the active, which conducted the current,
and the nactive, which did not. The proportion of active molecules
increased with increasing dilution, and this fraction he termed the
coefficient of activity, and measured it by the ratio 4—\1% It was there-
fore identical with a in the equation A = aAw.?) The values of
A for different electrolytes are additive functions of characteristie
equivalent ionic conductivities belonging to the different ions.* Finally
solutions of strong electrolytes have abnormally high osmotic pressures,*
indicating that a dissociation of the dissolved molecules into simpler
ones has taken place, a dissociation moreover which increases with the
dilution and appears to reach a limiting value, in both respects just
as the equivalent conductivity does. _

These different facts were correlated by Arrhenius in 1887 by
means of his Electrolytic Dissociation Theory—a generalisation of the -
utmost importance and fruitfulness. Several physicists (Clausius,
Helmholtz, Planck) had already suggested that solutions of electrolytes
contained free charged ions, and that only such ions were capable of
conducting the current. At the same time, the number of ions so
split off from the neutral molecules was regarded as comparatively small.
Arrhenius extended this conception, stated that the dissolved molecules
were often very largely dissociated into their charged ions, which could
then act to a great extent independently, pointed out several inde-
pendent means of measuring the degree of this dissociation, and showed
that values obtained by these different methods gave concordant
results.

The first essential point in Arrhenius’ theory is that the fraction
of the dissolved molecules thus dissociated is often very great. Small
in concentrated solutions, it increases with the dilution (just as a purely
chemical dissociation taking place with increase in number of molecules
increases with decreased pressure), and finally approaches the limiting
value of 100 per cent. Binary salts formed from monobasic acid and
monacid base—as KNO;, NaCl, AgClO,—are the most strongly dis-
sociated. The corresponding simple acids and bases—HCI, NaOH,
NH,OH—vary enormously. Salts such as CuSO, and ZnSO, are
dissociated far less than the simpler ones given above, whilst with more
complex examples, as Ba(NO,),, H,80,, and H;PO,, the dissociation
takes place step by step—two ions only being formed in moderately

I P. 66. : P. 66,
3 P, 67, 4 Chap. IV,
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strong solutions and a greater number in dilute solutions. Thus H,SO,4
at first gives N
H,80, — H' 4 HSO,’
the dissociation

HS0,, — H' 480,
will set in later.

The dilution necessary to reach the same degree of dissociation—
say 80 per cent.—varies therefore considerably with the electrolyte.
It is smaller the less complex the undissociated salt and the stronger
the component base and acid. We have the following approximate
values for 18°:—

KCl is 80 per cent. dissociated in 0-4 N. solution.

KAc 39 3 0-1N. tH]
Balk 4 3 005 N. .,
cdo, 3 0005N.

Like other electrical phenomena, electrolytic dissociation, often
loosely termed zonisation, is only very slightly affected by temperature.

Now, as current is carried solely by these free ions, which increase
in number with the dilution, it follows that the conducting power of
a gram-equivalent of electrolyte will also increase with dilution and
will tend towards a maximum value, corresponding to complete ionic
dissociation. The conductivity of any solution will depend then, firstly
on the number of ions present, and secondly on the velocity with which
they move under the electric field. The osmotic pressure of an electro-
lyte will be determined by the total number of osmotically active
particles in solution, and, as many molecules are dissociated into two
or more ions, will be greater than the amount calculated not allowing
for dissociation. This discrepancy will be more marked in dilute solutions
where the dissociation is more complete than in strong solutions, which
corresponds to facts. At very great dilutions, the ratio of observed
to normal osmotic pressure will be given by the total number of ions
the salt can furnish—will always therefore tend towards a small integral
number. With NaCl and CuSO;, it will be two ; with K,FeCy,, four;
etc., ete.

A last important qualitative agreement with theory is the fact
that most of the properties of dilute solutions can be regarded as
additive functions of the properties of the component ions, instead
of as the properties of the undissociated salts. Thus a dilute AgNO;
solution bas one set of properties which we associate with the Ag" ion
and another set which we associate with the NO,” ion, but no properties
which we can put down as peculiarly due to silver nitrate. A dilute
solution containing equivalent quantities of KCl and Na,SO, has the
same properties as a dilute solution containing equivalent quantities of
K,S0; and NaCl. The properties of both solutions are the sum of
properties attributed to the Na®, K, Cl’, and SO,” ions. These state-
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ments hold good for such properties as colour, specific gravity, refrac-
tivity, specific heat, etc., etc., and go to show that in dilute solutions
the ions act practically independently of one another.

Degree of Dissociation.—The most important evidence, however,
presented by Arrhenius was of a quantitative nature. In par-
ticular he was conspicuously successful in showing that the extent of
dissociation of an electrolyte calculated by two absolutely independent
methods—osmotic pressure and conductivity—was equal or nearly
so. Suppose a molecule of electrolyte can dissociate into n ions,
and that the fraction dissociated, its degree of dissociation, is a for a
particular solution. Let ¢ as before® be the Van’t Hoff factor, d.e.

observed osmotic pressure

- - . The degree of dissociation is
calculated chemical osmotic pressure o, of

identical with Arrhenius’ coefficient of activity,* and we can write

L) A
2 Ty
If now a be the fraction of dissociated molecules, the undissociated
fraction will be 1 — a. As each molecule on dissociating furnishes n
ions, the total number of ions will be na, and the total number of
osmotically active particles na - (1 — a). Therefore

z_”“"‘(l_a)
o 1
=14 a(n—1).

That is, a value for ¢ has been calculated from conductivity data only.
Conversely, if 7 be known from osmotic measurements, the degree of
dissociation a can be calculated.

Table XI contains values for ¢ calculated from three different series
of measurements.

TABLE XI
Behabaics Molecul‘ar | ¢ from osmotic ' .i fron_l freez- t fron} .
_normality pressure ing-point data ‘ conductivity

a— | . Y.
Cane sugar 03 ‘ 1-00 1-08 ‘ —
Acctic acid 0-33 U= 104 | 101
KCl1 014 1:81 1-93 1:86
LiCl 0-13 1-92 1-94 ! 184
MgSO, 0-38 125 1-20 135
Ca(NO;), 0-18 2-48 247 2-46
SrCl, 018 269 2:52 =51
K FeCy, ‘ 0350 309 — 3-07

! Chap. IV. 2 P. 68.
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Cane sugar, a non-conductor, and acetic acid, a weak acid and
feeble electrolyte, have values of ¢ nearly approaching unity. With
KCl and LiCl, strong electrolytes of simple constitution, ¢ is already
nearly two in #—§ molecular normal solutions. With MgSO,, another
binary electrolyte, but in stronger solution and containing a weaker
base, 7 is less, but still between one and two. With the two ternary
salts, it tends towards three, whilst with K,FeCys, a complex salt in fairly
strong solution, the maximum value of five is far from being attained.
The figures Arrhenius himself calculated (from freezing-point and
conductivity measurements) did not agree so well, as the existing
experimental data were rather unreliable. Yet they were sometimes
very striking. Thus, for BaCl,, ¢ calculated from Raoult’s freezing-
point measurements is 2'63. A solution of the same concentration gives
a = 077, calculated from conductivity measurements. The possible
number of ions, 7, is three. Hence

1=1+4077(3 — 1) = 2-54.

Another important consequence of the electrolytic dissociation
theory which is capable of quantitative verification is the following.
The equivalent conductivity of an electrolyte at infinite dilution is, as
we have seen, composed of the sum of two constants which are character-
istic of the cation and anion present. Further, as the conductivity of a
solution depends on the rates at which the ions travel to the electrodes
through the electrolyte, it is obvious that these constants, already
termed equivalent ionic conductivities, must represent the relative
velocities* with which the ions move under the same conditions in an
electric field. But these relative velocities are also the cause of the
different transport numbers of different salts ; and hence, knowing the
necessary ionic conductivities, we can calculate these transport
numbers. If I, and [, represent the ionic conductivities for anion and
cation respectively, then the fraction of the current carried by the
anion will be

l

A

Ll

! The actual velocities with which ions will move under given conditions are
directly proportional to their ionic conductivities. The methods by which these
ionic mobilities are measured cannot be treated here. The following figures will
give some idea of their magnitudes. They hold good for a potential fall of 1 volt
per cm.

h-

Ug  0:000669 cm. /sec.
Uy, 0-000450 em. /sec.
Uy 0003415 cm. /sec.
Uxo, 0000640 cm. /sec.
- Ug  0°000677 cm. /sec.
Upy 0°001802 em. /sec.

Their velocity is proportional to the voltage gradient.
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Similarly
lC
W+l
will be equal to nm, Table XII contains values of =, directly
determined by migration experiments and values calculated * using the
figures for ionic conductivities on p. 67.

TABLE XII

Salt — I n

IS 4
KI 0-505 0-506
LiCl 0-65 0-63
AgNO; 0522 0-528
HCI 0-172 0-172
NaOH 0-80 0-81

The agreement is excellent.

Dilution Law.—The application of the equilibrium laws to
solutions of electrolytes gives interesting results. First consider
the dissociation equilibrium of an electrolyte of formula C, A , where
C and A represent cation and anion respectively. Suppose the molecule
to dissociate electrolytically according to the equation

C,A, <= nC + mA.
Then we can write ? (substituting S = salt for C, A,)
K X [Cs] =[CcI" X [C,]".
If one gram-molecule of the original salt be contained in v litres,
and the degree of dissociation at equilibrium is a, we have

l1—a
[Cs] = 5
[C] ==

ma
[C\]= Y

And therefore
K - (@) . (ma)™ . .,
l—a
To test this equation, we will take the simplest case, the dissociation
of a binary electrolyte. Here n = m = 1, and K becomes

az

B
(1 —aypw
! These values depend ultimately on an accurate migration experiment for

one salt only.
? Law of Mass Action.
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a formula which has been shown to hold very exactly for the dissocia-
tion of weak acids or bases, such as CH;COOH and ammonia. The
two following Tables, XIII and XIV, contain for CH,Cl . COOH and for’
ammonia constants calculated using values of a obtained from
conductivity measurements.

TABLE XIII
Monochloracetic Acid at 14°,

e Equivalent a from
ildies conductivity conductivity -
20 516 0-166 1-65 x 10 -®
205 132 0-423 1-52
408 170 0-547 1-61
2,060 251 0-806 1-62
4,080 274 0-881 1-60
10,100 295 0-948 1-71
20,700 300 0963 1-21
© 311 1-000 - —
TABLE XIV
Ammonia at 25°.
e Equivalent a from
Dbyt conductivity conductivity
8 3-20 0-0135 23 x 10—°
16 445 0-0188 23
32 6-28 0-0265 2-3
64 8-90 0-0376 2:3
128 12:63 0-0533 23
256 17-88 0-0754 24
o) 237 1-000 —

If we try to apply this relation, discovered by Ostwald and Planck,
and known as Ostwald’s Dilution Law, to the dissociation of strong
electrolytes except in very dilute solutions, it breaks down.

Solubility Product. — Another interesting application of the
electrolytic dissociation theory deals with the solubility of sparmgly
soluble salts. A solid salt brought into contact with a solvent will
dissolve until the solution is saturated. When this happens, we have
two equilibria to consider. Firstly the solid salt is in equilibrium
with the undissociated salt molecules in the solution. Secondly,
these undissociated molecules are in equilibrium with their ions. We
can write

Coia X 1 = [Cunaissociatea]
[Cundissocinted] X kz = [Ccation]n X [Canlon]m

supposing a molecule of sait to contain n cations and m anions. Now,
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as the active mass of a solid is constant,! we can put C,;, = ks, and
obtain the result

[Ccation ],' X [Oanion]m =k- k- k= K.
K is termed the solubility product of the salt in question.

If we again take a simple case, and suppose the salt to be a binary
one, n = m = 1, and the equation becomes

[Csnion] < [Coauon] =K

That is to say, when a solution is saturated with a binary salt, the
product of the molecular concentrations of the two ions concerned is a
constant.

As a concrete case, imagine that, to a solution already saturated with
CaS0;, a little Na,SO, is added.? The concentration of the SO,” ion is
thereby increased. But as

[CCa] 5 [Cso I=K
it follows that C,, must decrease. Calcium sulphate is consequently
precipitated from the solution until the condition given by the equation
is once again fulfilled. This is the explanation of the well-known
fact that the solubility of a salt is decreased by the addition to the
solution of another salt having a common ion.

The above equation allows us to calculate the magnitude of this
influence in different cases. If this is done, good agreement is obtained
when the salt concerned is only slightly soluble, but a much poorer
one with moderately or easily soluble salts. Thus Noyes® studied the
effect of the addition of small quantities of AgNO; and KBrO; on the
solubility of AgBrO,. Table XV contains some of his results. All
concentrations are in gram-molecules per litre.

TABLE XV
 Solubility of AgBrO, i {
Quantity of L o v T :
AgNO, or On addition On addition Calculated from
KBrO, added of AgNO, of KBrO, solubility product |
0-0 0-00810 0-00810 (0-00810)
0-0085 0-00510 0-00519 0-00504
0-0346 0-00216 0-00227 0-00206

The agreement is very satisfactory.

The conductivity of a solution containing two or more different
salts is now seen to be determined by the ionic equilibria in the
electrolyte. The quantities of the different ions and of the different

1P 18
2 A larger quantity may introduce other effects.
3 Zeitsch. Phys. Chem. 8, 241 (1890).
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undissociated salts will adjust themselves in accordance with the
dissociation constants of the salts. This done, each single ion will
contribute independently to the conductivity of the electrolyte, which
will then be determined by the ionic conductivities and the quantities
of the different ions present.

Such calculations as those on the last few pages afford the best
justification for the use of the conception of electrolytic dissociation as
a working theory in electrochemistry. A good working hypothesis
should fulfil two conditions. It should be capable of explaining
existing facts and figures and also of guiding investigators to the
discovery of new phenomena and laws. In both respects, Arrhenius’
hypothesis has proved satisfying and fruitful. The enormous strides
made during the last twenty years in electrochemistry, both pure and
applied to other branches of chemistry, are due directly to its use.
Certain chemists still refuse to accept it, imagining it to involve, for
example, the belief that a solution of common salt contains free particles
of sodium metal and chlorine gas floating about unattacked in the
liquid. It seems superfluous to point out that this is not so; what
are present are very highly charged atoms of sodium element and chlorine
element—quite a different matter. As Le Blanc has pointed out, the
quantity of electricity (100 coulombs) which is associated with one
milligram only of hydrogen in the ionic condition, would suffice to
charge up to discharging point an air condenser of several square
kilometres in area. And there are no grounds for assuming that,
when sodium chloride dissociates, giving elementary atomic sodium and
chlorine, these substances must necessarily possess the properties of
metallic sodium and liquid or gaseous chlorine.

The necessity of the assumption of the existence of charged current-
carriers or ions in an electrolyte under ordinary conditions can be seen
from the following considerations. If the molecules of the solute must
be decomposed before they will conduct the current, a certain definite
amount of energy will be absorbed before any current can pass. But
it can be experimentally shown that, if absorption of energy is avoided
at the electrodes, the current passing varies directly with the voltage
applied. Ohm’s Law is obeyed, and no minimum voltage is required
for the passage of current. Thus with copper electrodes in copper
sulphate solution, where converse reactions take place at anode and
cathode, the current passing varies directly as the potential difference
used, however small the latter. Hence, no energy is consumed before
conduction starts in decomposing CuSO, into Cu™ and SO,” ions, and
these conducting particles must exist normally in the solution.

There is no doubt, of course, that Arrhenius’ hypothesis needs modi-
fication and extension in order to account fully for all the phenomena
of electrolytes. We have already pointed out that for strong electro-
Iytes it is only capable of representing the equilibria in very dilute
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solutions. Abegg considered that many discrepancies would be
explained by the further study of the ionisation of ternary and other
complex salts. Undoubtedly, in such salts, we are often not dealing
with simple ions, but with complex ones similar to those present in the
extreme cases investigated by Denham.» But it is unlikely that com-
plicated ionisation causes all the lack of agreement between experiment
and theory.

Noyes? has put forward the view that the process of ionisation is
primarily of an electrical nature, quite unlike ordinary chemical dissocia-
tion,and that the lawsof massaction cannot with justification be applied
to it, as the electrical forces which govern the formation of ions obey
quite different laws. He supports this view by considerations based
on the slight influence of temperature on ionisation, the practical
independence of the concentration shown by the optical properties
of electralytes, etc. It is probable that his conception is to a great
extent correct. In the dissociation of strong electrolytes, electrical
phenomena may play a more important part than chemical phenomena.
The ionisation of weak electrolytes, which obeys the mass action law,
is, on the other hand, more of a chemical than an electrical process.

Literature.

Le Blanc.  Electrochemistry.
Lorenz. Elektrochemisches Praktikum.

P 5T
2 Jour. Amer. Chem. Soc. 80, 351 (1908).



CHAPTER VII
ENERGY RELATIONS

1. Total Energy and Maximum External Work

Ix this chapter we must consider the energy changes which take place
in an electrochemical cell, and their relations to the energy changes
of the corresponding chemical reaction. As a concrete case we can
take the Daniell cell working at constant temperature. This cell
consists of a copper electrode dipping into a solution of CuSO, which
is separated by a porous partition from a solution of ZnSO, containing
a zine electrode. Written briefly, it is

Zn | ZnS0O, | CuSO, | Cu.

When the zine and copper poles are joined externally by a wire, a
positive current flows through this wire from copper to zine, zinc goes
into solution as zine sulphate, and copper is deposited on the copper
electrode. If, on the contrary, current be forced through the cell in
the opposite direction, zinc will be deposited on the zinc electrode, and
copper enter solution at the copper electrode. The corresponding
chemical reaction is

Zn 4 CuS0, . aq. = Cu + ZnS0, ag.

to be read from left to right when the cell spontaneously furnishes
current, and from right to left when current is forced through the
cell from outside. At first we will limit our considerations to the
direct action—left to right in the above equation.

Change of Total Energy.—When copper sulphate solution
and zinc are brought together, the formation of copper and zinc
sulphate solution is accompanied by an evolution of heat. Suppose
this reaction carried out in such a calorimeter (e.g. an ice calorimeter)
that the temperature of the system is the same before and after the
reaction, and let the heat liberated be measured. Then we shall have
changed copper sulphate and zinc into zine sulphate and copper at the
same temperature, and, as no other changes involving energy trans-
formation have taken place, it follows that the heat measured is equal

77
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to the decrease of total energy of the system. This value is
usually denoted by U. In the present case, it is the difference of the
heats of formation of zinc sulphate and copper sulphate solutions, and
for the concentrations CuSO,, 100H,0 and ZnSO,, 100H,0 is 50110
cals. per gram-mol. at 0°.

Maximum External Work.—The matter which immediately con-
cerns us is the following. When the reaction is carried out, not as
above, but in such a way that useful (i.e. completely controllable and
transformable) external work results,! what is the relation between the
maximum amount of work so obtainable and U, the decrease of total
energy of the system ? If they are exactly equivalent, then it is clear
that the electromotive force of an electrochemical cell can be directly
calculated from thermo-chemical data. For if U be the number of
calories liberated by the interaction of n gram-equivalents, we have

419 X U=n X 96,540 X E
__ 4190
96,540 n
With the Daniell cell, » = 2 and U = 50,110, whence E = 1-087 volts.

The above assumption was at first regarded as correct, and this
method of calculating the E.M.F. of a cell, known as the Helmholtz-
Thomson rule? is still widely applied. But though it often leads to
approximately correct results, it rests on an erroneous basis. The
decrease of total energy of a working system U, and the decrease of

free energy or the maximum useful work obtainable, denoted
by A, are not identical. Instead of writing U = A, we must write

Decrease of total _ Maximum work heat
energy H obtainable = evatved

g can be small or great, positive or negative. If positive, the maximum
useful work obtainable during the process is less than U, and the
balance, set free as heat, tends to warm the system up. If ¢is negative,
then U < A. The working system, besides doing external work
equivalent to the decrease in total energy, also abstracts heat from its
surroundings, and converts it into useful work, thus tending to cool
down during operation.

2. Reversible Processes

The next point is, Under what conditions must a galvanic cell give
current in order that the electrical energy produced may be equivalent
to A, the maximum external work obtainable from the corresponding

! In the present case, as electrical energy.
? Both of these investigators soon recognised the incorrectness of their assump-
tion. ¥



viL] ENERGY RELATIONS vic)

chemical change? Let us again consider a Daniell cell working
isothermally (at constant temperature), and with the current capable
of regulation by means of an external resistance. Let the cell furnish
a moderate current until one gram-atom of copper has been deposited
and one gram-atom of zine dissolved. A certain amount of electrical
energy will be liberated, mostly in the external circuit, but partly in the
cell, owing to the resistance of the latter not being negligible. Let
this amount of electrical energy be measured and equal to a,.
Then we can represent the total change of the system by

Zn 4+ Cu” — Zn" + Cu + a;.

When the process is finished, let the current be reversed, and forced
in the opposite direction through the cell by means of an external
source of voltage, until the original chemical conditions have been
regenerated, one gram-atom of copper in this case dissolving, and one
gram-atom of zinc depositing. Let the current passing be the same
as in the first operation, differing in direction only. Correcting again
for the resistance of the cell, the energy used will be the product of the
voltage between the electrodes and the quantity of electricity passed
through (two faradays). We can denote this quantity of energy, which
will be somewhat greater than a,, by a,, and the equation representing
the process becomes

Cu + Zn” + e, — Cu” + Zn.

The condition of the Daniell cell is now in all respects the same as
before. It has not altered chemically, and its temperature throughout
has been kept constant. The sum result of the whole cycle is therefore
given by
[Cu;" + Zn] — [Cu + Zn" + @] — [Cu” + Zn] + [Cu + Zn" + 1]
=aq, —a,
and, as @, > a;, the result is a loss of available or useful energy (in this
case electrical energy, which has been converted into heat in the cell).
Suppose the cycle to be repeated, using a much smaller current,
perhaps one-tenth as great. Let the quantities of electrical energy
given out and absorbed in the two partial processes (decrease and in-
crease of free energy respectively) be denoted by a,” and ¢@,". If
these magnitudes be compared with ¢, and a,, it will be found that
a’ > a; and a < a,. It follows that (a, — a,') < (a, — ay).
As before (a,” — a,”) represents the result of the cycle, a decrease in
power of doing useful work. If further experiments were made with
ever-diminishing current densities, we should find the difference between
the external work done during the first operation and the external
work absorbed during the second operation becoming ever smaller,
and finally negligible. At an infinitely small current density, a, — @, is
zero. A process .carried out under such conditions is known as a



80 PRINCIPLES OF APPLIED ELECTROCHEMISTRY [cmar.

reversible process, because it is possible to return to the original state
of the system by a path which is in all respects the reverse of that
previously taken, and, when again at the starting-point, the system
is in all respects, including the very tmportant one of energy relations,
the same as it was before the process commenced.

The electrical energy furnished by a primary cell when working
isothermally and reversibly is equal to A, the decrease of free energy
or the maximum external work obtainable from the corresponding
chemical change. The truth of this statement follows from the Second
Law of Thermodynamics, and cannot be proved here.  Similarly the
increase in free energy of an electrochemical system when current is
passed through it from outside is equal to the energy absorbed by the
cell, working reversibly and isothermally.

3. Irreversible Processes

An isothermal reversible process is characterised by the fact that
the power the system has of doing useful work suffers no actual diminu-
tion—only the form in which this work can manifest itself is changed.
Thus, in the above example, the only change is the transference of
available chemical energy into the same amount of available electrical
energy and wice wersa. In an irreversible process, on the other
hand, the capacity of the system for useful external work decreases,
owing to irreversible heat effects. As the above consideration of the
Daniell cell indicated, the extent of this degradation of useful energy
to heat is greater, the greater the velocity of the process. This is
true generally, and not only of electrochemical systems. In mechanical
processes, the amount of useful energy converted into heat by friction
increases rapidly with the rate of working. Generally speaking, no
processes of any kind are reversible in practice. It is obviously im-
possible to let them take place sufficiently slowly, and friction or
similar passive resistances must always be overcome, causing a certain
amount of energy to be lost as heat.

Electrochemical processes often take place nearly reversibly, and
again are often irreversible. This irreversibility may not only be
quantitative, but can extend itself to the qualitative aspect of the
process, If, in the above case, the ZnSO, be replaced by H,S0,, zinc
will go into solution as before when the cell gives current spontaneously.
But when current is passed through it, zinc is not deposited, as in the
Daniell cell, but hydrogen is evolved ; that is, instead of the reaction

Zn + CuS0y —— ZnSO, 4 Cu
being reversed, the reaction

Cu 4+ H,80, — CuSO, + H,
is brought about. Such a cell is irreversible,
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Quantitative irreversible effects are very general,! though often only
of slight magnitude. The cathodic discharge of hydrogen needs widely
different potentials at different electrodes; when metals dissolve
anodically, there are often considerable irreversible losses. The cathodic
deposition of metals absorbs more energy when a high current density
is employed—when the velocity of deposition is great—than with a low
one. Just as with any other change, the greater the working speed,
the greater the irreversibility and the energy losses. A system doing
useful work gives less than is represented by A ; a system absorbing
energy needs to take up more than is represented by A to bring about
a certain change.

4. Relations in Reversible Galvanic Cells

But in many cases, the electrical energy given out or absorbed by
a cell working at a low current density corresponds closely to A. And
if the E.M.F. of the cell be measured when no current is passing,? and
the result in volts be multiplied by 96,540, the value of A per gram-
equivalent of the substances transformed will be given in joules. In
cases where a cell behaves practically reversibly at a convenient working
current density, the relations between the various magnitudes U, A,
and ¢ may be demonstrated as follows. Let the cell, with an internal
resistance as small as possible, be placed in a calorimeter (preferably
an ice-calorimeter, so that it will work isothermally) and allow it to
discharge through an external circuit consisting of a suitable coil of
wire in a second calorimeter. Then, as the electrical energy developed
at constant temperature represents, in the case of a reversible galyanic
cell, the maximum work obtainable at constant temperature from the
corresponding chemical reaction, and as this in its turn is transformed
into heat energy in the wire, the amount of heat set free in the second
calorimeter will be a measure of A, the maximum external work obtain-
able from the change. In the first calorimeter (apart from the small
quantity of heat produced by the current) the heat effect is equal to g.
If U > A, then ¢is positive and heat is liberated in the calorimeter. 1If,
on the other hand, U <C A, then ¢ is negative, and heat is absorbed
from the calorimeter by the cell. Further,as U = A +- ¢, the algebraic
sum of the heat effects in the two calorimeters gives U, the change of
total energy, and this must be equal to the heat liberated when the
reaction is carried out thermochemically in a single calorimeter.

We will now see by examples in what way U and A differ in typical
cases. The values of U are determined thermochemically ; the values
of A are calculated from the E.M.F.s of the different cells.

! Chap. IX. 2 P. 90.
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1. Daniell Cell at 0°.
Zn | ZnSO,100H;0 | CuSO,100H.0 | Cu.
Chemical reaction :
Zn + CuSO,, ag. —— Cu + ZnSOy ag.

U = 50,110 cals. E = 1-096 volt.
1096 x 2 x 96,540
Hence = 419
= 50,510 cals.
and g=1U — A= —400 cals.

2. Lead Accumulator at 17°,
Electrolyte 1 H,SO, : 20 H.O.
Chemical reaction :
PbO, + Pb + 2H.SO;, —— 2PbSO, -} 2H,0

U = 87,200 cals. E = 2-01 volts.
Hence Al 2:01 x 96,540 x 2
4-19
= 92,630 cals.
and g=U— A= — 5430 cals.

3. Hydrogen-chlorine Cell at 30°.
Electrolyte 4:98 N. HCI.

Chemical reaction :
1H, + 3Cl; — HO1

U = 22,000 cals. E = 1'190 volt
1-190 x 96,540
Hence A= AT i
= 27,420 cals.
and g="U — A = — 5,420 cals.

4. Clark Cell at 18°,
Zn | saturated zinc sulphate solution | Hg,SO, | Hg.
Chemical reaction :
Zn + Hg,SO, +- TH,0 —— ZnSO,, TH,O + 2Hg

U = 81,320 cals. ! E = 1-429 volt.
1429 x 2 x 96,540
Hence A= TR RN R
= 65,850 cals.
and g =U— A = 4 15,470 cals.

5. Cell Ag | AgBr | ZnBr,, 25H.0 | Zn at 0°.
Chemical reaction :
2AgBr 4 Zn + aq. —> 2Ag + ZnBr, aq.

U = 39,764 cals, E = 0828 volt.
0-828 x 2 x 96,540
Hence A= AT T
= 38,160 cals.

and g= U = A = 4 1604 cals.
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These results clearly show that, as has been already stated, U and
A are not equivalent. In the Daniell cell they are very nearly equal.
But in the other cases there are considerable differences. A is greater
than U both for the lead accumulator and the hydrogen-chlorine cell.
When these two cells are in action, they absorb heat from their sur-
roundings, and convert it into useful work in the form of available
electrical energy, tending to become cooled in the process. On the
other hand, the last two combinations do not convert all the energy
set free during the process into useful external work, but a certain
amount of it, given by g, is set free as heat. Such cells tend to warm
up when working. In the Clark cell, some 19 per cent. of the total
energy change appears as heat. It follows that the E.M.F. of a cell
cannot be directly ¢alculated from the corresponding change of total
cnergy U.  In some cases a very close agreement would be got ; e.g. for
the Daniell cell the value is correct to within 1 per cent. But usually
this is not so. A calculation for the lead accumulator would give a
result 6 per cent. too low, for the hydrogen-chlorine cell discussed
a result 20 per cent. too low, for the Clark cell a figure 19 per cent.
too high, and for the last combination mentioned an E.M.F. 4 per cent.
too great.

By applying the Second Law of Thermodynamics to changes of
temperature and the corresponding changes of the different terms
of the equation U= A -+ ¢ we arrive at the celebrated Gibbs-Helm-
holtz equation

A-U=T. %
dT

This result (which must be taken for granted here) differs from the

equation already used in that g is replaced by — T . Zf;, where T is

dA
dT
ture of the maximum work obtainable from the process under con-
sideration. Applying this equation to the particular case of galvanic
cells, we can substitute for A 96,540nE, where n is the number of
gram-equivalents transformed during a change of total energy of U

the absolute temperature, and . the rate of change with tempera-

! dA dE
calories. Then 7T becomes 96,540n I and we finally have
1n96,540E — 4:19 U = Tr96,540 Z—};,

all terms being expressed in joules. From this we see that, knowing
E and U, ((lg, the coefficient of increase of electromotive force with

a2
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dE
dT
on the relative magnitudes of A and U. If the maximum work which
can be performed by the cell exceeds the corresponding change of total

temperature can be calculated. Moreover, the sign of depends

_energy (in which case we remember the cell tends to cool when working),

then the E.M.F. rises with increase of temperature. If on the other
hand U > A, and the cell tends to heat up when giving current, Zlg
is negative, and the E.M.F. diminishes with rising temperature.

We will calculate the temperature coefficient of the Daniell cell,
taking U as 50,110 and the E.M.F. at 0° as 1:0962 volt.

We have

dB
(2 x 96,540 x 1:0962) — (419 x 50,110) = (273 x 2 x 96,540) 7=

dE_ 211,700 —210000 o volt
=" 52 x 10— 0000032 e’

The value of the temperature coefficient determined by experiment * is

+ 000003 "

degree
Similarly, knowing the E.M.F. and its temperature coefficient for

a given cell, we can calculate U, the change in total cnergy or heat

of reaction. We have

the agreement being very close.

96,540nE  96,540nT dE

Lite = ot =1 dT

For example, take the element
Cu | Cu,0 NaOH | H,.2

The corresponding chemical reaction is Cuy0 4 H, — 2Cu 4 H,0, and the
thermochemical value of U is 27,400 cals. at 18°. The E.M.F. at 18° is 0:461
volt

volt, and its temperature coefficient — 0:00066 dogree’

96,540 x 2
419
= 27,530 cals.

We get then :—

[0:461 + 291 x 0-00066] cals.

Table XVI? contains in the first column the combination dealt
with, in the second column the E.M.F., and in column 3 its temperature
coefficient ; in the fourth column U (in cals.) calculated by the above

1 H. Jahn, Wied. Ann. 28, 21 (1886).

2 Allmand, T'rans. Chem. Soc. 99, 840 (1911).

3 H. Jahn, Wied. Ann. 28, 491 (1886) ; 50, 189 (1893). Donnan and Allmand,
Trans. Chem. Soc. 99, 845 (1911). Bugarszky, Zeitsch. Anorg. Chem. 14, 145
(1897).
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equation from the data in columns 2 and 3; in the fifth column the
thermochemical value of U, and in t!le last column the value of U cal-
culated from E by the incorrect ‘ Helmholtz-Thomson rule.’

TABLE XVI
i 5 U (calcu- [U (experi-l
Cell ¥ Iltn f_lE( volts ) lated) in 'mental) in‘w
volts  dT \degree/| g, ‘ cals. 419
| Cu | Cu(C;H;0); solution /
| Pb(C;H;0,)5, 100H,0
| Pbat0° 04764 | +0-000385' 16,900 | 17533 | 21,684
Ag | AgCiZnCly. 100 H,0 | /
| Znat0’ 1015 | —0:000402| 51,989 | 52,046 | 46,907
Hg | HgO n.NaOH | H, '
at 18° 00243 | —0-00031| 46/750 | 46,700 | 42,590 °
Hg | HgC10-01 N.KCl |
N.KNO; | 001 N. KOH
| HgO | Hgat18:5°. | 01656 | +0:000837| —3,710 | —3,280 | 7,566

The values of U calculated from the Gibbs-Helmboltz equation are
in all cases much nearer the experimental figures than are the values in
the sixth column. The last case is particularly remarkable as the
calculation of the heat of reaction according to the ‘ Helmholtz-Thomson
rule ’ gives a value which actually differs in sign from the true value.

5. Relations during Reversible Electrolysis

The examples given above all refer to primary cells. The same
relations hold for the converse phenomena of reversible electrolysis,
and need no further detailed consideration. The minimum quantity -
of electrical work necessary for any electrolysis is the product of the
quantity of electricity passed through, and the minimum reversible
voltage at which the electrolysis will take place. This, as before, is
connected with the change of total energy of the system and with the
heat absorbed or given out in the cell when the electrolysis is
isothermally conducted by the equation

U=A+gq.
As A and U are defined respectively as decrease of capacity of doing *
useful work and decrease of total energy, A always and U generally will
be negative in such cases, for the capacity of the system to perform
useful work sncreases when electricity is passed through it. Similarly,
if U — A be positive, or if more electrical energy be passed into the cell
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than corresponds to the change of total energy in the chemical sub-
stance present, ¢ will be positive and heat will be liberated in the cell.
And if U — A be negative, heat will be absorbed during working.

As an example we can take the clectrolysis of 5n. HC] between platinised
platinum electrodes, which takes place practically reversibly if earried out at a
very low current density. 1:190 volts are necessary at 30°. For the reaction
HCl — }H, + 1(l,, one faraday is required. Hence
1-190 x 96,540

4-19
The change in total energy, as given by the heat of reaction, is — 22,000 cals.
Hence

= — 27,420 cals.

¢g=U—A= 4 5420 cals.
Heat will be given out in the cell during eleetrolysis, and the voltage required to
carry out the electrolysis will inerease with rising temperature.

We shall have occasion further to consider the conditions necessary
for reversible electrolysis and the causes bringing about irreversible
electrolysis in succeeding chapters.

6. Maximum Work and Affinity

It should be pointed out in conclusion that A, the maximum
external work which can be obtained from a process, is also a measure
of the driving force or affinity of the reaction. The tendency for a re-
action to take place depends on, and is measured, not by the diminution
in total energy (U) which would occur, but by the amount of useful
external work (A) which could be done. No chemical or electrochemical
reaction will set in spontaneously unless the value of A corresponding
to it is positive. The nearer a system approaches the equilibrium
point the smaller A becomes, until under equilibrium conditions A
reaches the value zero. Then there is no tendency for any kind of
change to set in. A cell with a voltage of zero will furnish no current.



CHAPTER VIII

ELECTROMOTIVE FORCE
1. Necessary Conditions for Electrochemical Reactions

In this and the following chapters we shall consider in detail the free-
energy changes which take place in electrochemical systems—that is,
the reciprocal transformations of chemical and electrical energy.
We have seen the important part that irreversible effects play in electro-
chemical processes. But at present, on account of simplicity, they will
be ignored, and subsequent considerations and deductions in this
chapter, unless otherwise specifically stated, refer to reversible processes
only. It will be convenient if we first discuss the transformation of
chemical into electrical energy, before considering the more important
reverse case.

We are at once faced by the following questions : Can all chemical
changes accompanied by a decrease of free energy liberate this energy
as electrical energy ? If not, what types of chemical change are capable
of so doing ? And what conditions must be fulfilled in order that the
chemical energy shall appear as electrical energy, and not, as generally
happens, as heat ?

The first question we can at once answer in the negative. A large
number of reactions which proceed very easily chemically cannot be
carried out electrolytically. The combustion of carbon and sulphur
to their oxides, the absorption of CO by NaOH giving H.COONa,
and many organic reactions are examples.

The next two points can be taken together. Aselectrolytic reactions
all involve the combination of matter with, or its separation from,
electricity, and as these processes generally take place in aqueous
solution, the first necessary condition is that the substances par-
taking in such a reaction must be capable of ‘onising.  Copper
can be electrolytically refined, because it can combine with
electricity, forming the ion Cu™, which in its turn can give up its
electricity and reproduce metallic copper. Chlorine can be electro-
lytically prepared because of its ion Cl’, which gxists in aqueous solution
together with such ions as Na” and Zn. On the other hand, carbon

87
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cannot ionise, and therefore carbon dioxide cannot be formed electro-
chemically at a low temperature from carbon and oxygen. Similarly
nitrogen does not ionise, and the electrolytic combination of nitrogen
and hydrogen is thus rendered impossible. Possibility of ionisation is
consequently necessary. A second point common to electrolytic
reactions is that they all involve processes of an oxidising or reducing
character. When zinc enters solution anodically as zinc ions! it has
really been oxidised, just as much as when Fe™ ions have been changed
anodically to Fe™ jons. When Cl’ ions are discharged to gaseous
chlorine, the process again is one of oxidation. 'We recognise this when
speaking of the ozidation of HCl, in which the chlorine is in the ionic
condition, to chlorine gas by MnO,. On the other hand, when H' ions
are discharged to gaseous hydrogen or Ag’ ions to metal, the process
is one of reduction. Generally, an increase in the number of positive
charges or a decrease in the number of negative charges associated
with a substance means oxidation : the cuprous ion Cu’ is oxidised
to the cupric ion Cu™, the ferrocyanide ion FeCyy”” is oxidised to the
ferricyanide ion FeCys”. And a decrease in the number of positive
charges or an increase in the number of negative charges means
reduction : Au"" ions are reduced to metallic gold Au, and perman-
ganate ions MnO,” reduced to manganate ions MnO,’. Now, as all
electrode reactions consist essentially in a change in the quantity of
electricity associated with matter, we see that electrochemical processes
must necessarily all be of an oxidising and reducing character. In
fact, all anodic reactions must oxidise, all cathodic reactions reduce
something or other.

The final condition necessary for an electrolytic process is that the
reacting substances must be kept apart, but connected by two conducting
paths, one the electrolyte, the other an external circuit of a metallic
nature. In that way the irreversible effects of ordinary chemical
reactions, where the frec energy liberated appears as heat, are avoided.
Instead, the positive electricity set free at the cathode (one of the
electrolyte-metallic circuit junctions) by the reduction process will
proceed to the other electrode through the external circuit, there
recombine with matter, thus effecting oxidation, and re-enter the
clectrqlyte. On its way through the outside circuit, it can be use-
fully employed by driving a suitable motor, thus utilising the {ree

! The chemical solution of zine by sulphuric acid is expressed by the
equation Zn + H,S80; —— ZnSO, + H,; or, as S0,” ions are present both
before and after the reaction, by Zn 4 2H'—— Zn” 4 H.. Metallic
zinc has been oridised to zinc ions, hydrogen ions have been reduced to
gaseous hydrogen. Or we can suppose that zinc is first oxidised by the water,
giving zine hydroxide and hydrogen, and that the acid and hydroxide subse-
quently combine.
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energy liberated in the chemical reaction. As examples take the
three simple reactions:—

(@) Au + 3 Cl, — AuCl,
) Zn +- CuSO4 —— Cu + ZnS0,
(¢) Fe - 2FeCl, —— 3FeCl,.

The arrangements for bringing these about electrolytically are
shown in Fig. 18. In (a), if chlorine water be added to the vessel
containing the gold, the latter will very
slowly dissolve, and no current will pass.
But if it be poured over the platinum,
the gold will dissolve, the chlorine water
disappear, and a current will flow through
the wire. Similarly in (b) the CuSO,
solution must be added to the right-
hand vessel, when copper will be de-
posited and zine will dissolve. Whilst
with (¢) the FeCl, solution must be
pipetted on to the platinum electrode,
when it will be reduced to ferrous
chloride, and iron from the iron electrode
will enter solution as Fe' ions. For
a chemical reaction to be carried out elec-
trochemically, it must'be of an oxidation-
reduction nature, the substances taking part
must be capable of ionisation, and must be
spatially  separated, but 1in electrical
connection.

An actual chemical change is not
necessary for the generation of an E.M.F.
Two silver nitrate solutions of unequal
concentrations, if mixed, suffer a loss of
free energy. They can be so arranged as
to produce an E.M.F. depending solely
on this concentration difference, and
not on any kind of chemical change.
The E.M.F. is determined by the osmotic pressure difference of the
two solutions, just as the work done by a gas expanding into a
space at low pressure depends on the pressure difference between
the two spaces.!

The E.M.F. of any cell is the result of all the potential differences
existing in the cell. We must invariably consider at least two—the

! For more on these cells, see p. 103.
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potential difference between cathode and catholyte and that between
anode and anolyte. When catholyte and anolyte differ, we may
further take account of the liquid potential difference between them.
This is, however, usually very small, rarely exceeding 0:02—003 volt,
and can be neglected for most purposes, as will subsequently be done
in this book.

9. Measurement of Electromotive Force

The measurement of the E.M.F. of a cell is easily carried out with
the arrangement in Fig. 19. AB is a fine uniform wire, as used in-
conductivity measurements;! provided with a sliding contact C. A

Fic. 19.

voltage furnished by D is applied to the ends of AB. It must be
greater than the E.M.F. to be measured. One or more lead accumu-
lators (each of two volts) will suffice. The cell z, of which the E.M.F.
is to be determined, is connected to one end, A, of the bridge. In series
with it is placed a galvanometer, which is also connected with C. The
poles of D and = which are attached to the same end of the bridge must
be of the same sign. A standard cell? F is also connected to A, and by
means of the key H either z or F can be put into series with G. Now
the cell (or cells) D produces a uniform fall of potential along AB. If
the standard cell F be put into series with G, we have two opposing
E.M.F.s acting along the circuit AFGC. One is the potential difference
produced by D between A and C. This tends to drive positive elec-
tricity in the direction AFC, whilst the E.M.F. of the standard cell
tends to send a current in the reverse direction CFA. As long as these
two potential differences are unequal, a current will flow through G.
When, by moving C up and down, the potential difference between A

' P. 59. * See p. 6.
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and C has become equal to the E.M.F. of the standard cell, no current
will flow through G. The position of C is therefore adjusted in this
way, and when the correct point has been found we know that the
potential fall between A and C is equal to the E.M.F. of F, from which
result we can calculate the potential drop per mm. of AB. " By means
of H, the unknown cell z is now thrown in, and C again moved until
no current passes through G. Reading the new length of AC, and
knowing the potential drop per mm., we arrive directly at the value
of the EM.F. of z. This method is exact, easily carried out, and capable
of great flexibility.

The only standard cell for E.M.F. measurements needing considera-
tion is the cadmium cell. The Clark cell, which was formerly much
used, has a far too high temperature coefficient. The cadmium cell is

3y o)
,,,,’;,,,,/,5,' % ¥
PN % l—faraltin wax

Y4, Crystals of
WY S S0L8H0
Paste of N J
3Cd 50y, SH30. Cadmuom
Mercury Amalgam

Fic 20.—Standard Cadmium Cell

generally constructed as in Fig. 20. One limb of the H-vessel con-
tains mercury, and this is covered with a paste of mercurous sulphate
and hydrated cadmium sulphate. The other limb contains a 125
per cent. Cd amalgam, which is readily made by warming the right
proportions of the ingredients in a test-tube. The electrolyte consists
of saturated cadmium sulphate solution, filled with 3 CdSO,, 8 H,0
crystals. A small air-space is left above the liquid level, and the vessel
is closed by successive layers of paraffin wax, cork, and sealing wax.
All materials used must be very carefully purified. The EM.F. of a
cell is given by the expression

1-0184 — 0-00004 (6 — 20) volt.

The temperature coefficient is seen to be exceedingly small, 'z milli-
volt per degree, and the E.M.F. remains constant if none but very
small currents are allowed to go through it

! For measurement of single potential difference, see p. 104.
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3. Electrolytic Solution Pressure

The most important type of electrode process, anodic or cathodic, is
that in which a metal and its corresponding ions in the electrolyte take
part, and a conception of Nernst’s enables us clearly to picture what
happens in such cases. Every metal has a certain tendency to oxidise,
and, as we have seen, this is equivalent to a tendency to take up
positive electricity and enter solution as positively charged metallic
cations. With the noble metals—gold, platinum etc.—this tendency
is very slight ; with metals such as copper and lead greater, with
iron and zinc greater still, with the strongly electro-positive alkali
metals very high indeed. An analogy is furnished by the different
tendencies of different liquids to vaporise or give out gas molecules—
small at room temperature with mercury, higher with water, very
considerable with ether.

We express these facts by saying that the liquids have different
vapour pressures, and similarly we can suppose that each metal has
a definite electrolytic solution pressure, which is a constant for
that metal at a given temperature, and with a given solvent. A
liquid’s vapour pressure measures the tendency for the process

liquid - vapour

to take place ; similarly the electrolytic solution pressure of a metal
measures the driving-force of the process

metal — ion.

This electrolytic solution pressure is high for alkali metals, low for
noble metals. Now the presence of molecules of its vapour in the
space above it counteracts the tendency of a liquid to vaporise ; if
the space is supersaturated with vapour, liquid will deposit until equili-
brium is reached and the pressure above the liquid equals the pressure
of saturated vapour. Any ions of the metal already in solution will
act analogously. The tendency to deposit metal and give up positive
electricity will be greater, the greater the concentration of those ions,
and will be measured by their osmotic pressure. If that is very higl,
or if the electrolytic solution pressure of the metal is low, the latter will
be overcome, and the net tendency will not be for metal to ionise, but
for ions to discharge. In this case the metal will become positively,
and the solution negatively, charged, whilst if the electrolytic solution
pressure of the metal overpowers the ionic osmotic pressure, the metal
will become negatively, the solution positively, charged.

The two cases are simply illustrated by copper in normal copper
sulphate and zinc in normal zinc sulphate. In the former case the
electrode, in the latter case the solution, is positively charged (Fig. 21).
As the ionic concentrations in the two solutions are practically equal,
this difference is entirely due to differences in the electrolytic solution

|
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pressures of the two metals. That of copper is low, and is overpowered
by the osmotic pressure of the Cu’ ions, whilst the tendency of the
strongly electropositive zinc to ionise overcomes the opposing action
of the zinc ions already in solution.

Electrical Double Layer.—One could object that, if an equi-
librium of the kind indicated, analogous to the equilibrium between
a liquid and its vapour, does
really exist between a metal
and its dissolved ions, then,
when a metal is dipped into
solutions of its salts of differ-
ent strengths, it should either
dissolve or ions should de-
posit, until in every case the
metal ion concentration in
the solution has reached the Fig. 21.
value corresponding to equi-
librium with the electrolytic solution pressure at that temperature.
This, of course, does not occur. The electrolytic solution pressure of
silver is low, but strong solution of silver salts do not deposit silver
when in contact with ‘a silver electrode, nor conversely does zinc
enter solution as zinc ions in detectable amounts when immersed in a
solution poor in zine.

The reason for this apparent discrepancy is that, whereas with a
liquid and its vapour we are dealing with electrically neutral molecules,
in the present case we are concerned with charged ions. If we consider
zinc in zine sulphate, the first action is certainly the passage of positively
charged zinc ions into solution leaving behind an equal number of
negative charges on the metal. But this action ceases practically
instantaneously, owing to the very powerful electrostatic action set up
between the separated positive and negative charges, and preventing
any further separation. When we remember that 96,540 coulombsare
associated with one gram-equivalent of ionic matter, this fact is not
surprising. The electrical double layer, such as is shown in
Fig. 21, hinders any further formation or discharge of ions, which can
only proceed continuously if the opposite charges are somehow
constantly withdrawn.

We will now see, for a concrete case, how Nernst’s theory explains
(a) the chemical replacement of one metal by another, (b) the production
of current in a galvanic cell. If we place a piece of zinc in dilute copper
sulphate, zinc sulphate will be formed and copper deposited, whilst if
copper be dipped into a zinc sulphate solution nothing happens. The
explanation is simple. Zinc strongly tends to ionise, and, when placed
in an electrolyte, assumes a high electrostatic negative charge, the
corresponding positive portion of the electrical double layer being in the

—

Cu Zn.

+Hitrorni

4+
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liquid. Copper ions tend powerfully to give up their positive charge.

The strong negative electrostatic charge on the zinc enables them *

to do so. The negative charge on the zinc and the positive charge
of the Cu” ions neutralise one another and metallic copper results.
The electrical double layer at the zine surface is renewed by more zinc
ions passing into solution, and the process thus continues. With
copper in zinc sulphate, the electrostatic negative charge on the metal
is very low, as is also the tendency of zinc ions to lose their positive
charges. Hence no neutralisation or chemical replacement.

Let us now consider the electrochemical arrangement for bringing
about the same reaction (Zn + CuSO,— Cu 4 ZnS0,), the well-
known Daniell cell. This is shown
diagrammatically in Fig. 22.

The containing vessel is divided into
two parts by the porous diaphragm.
One compartment contains a ZnSO,
solution in which is suspended a strip of
zine, and the other copper in CuSO, solu-
E tion. We have already seen that zinc in

Fic. 22.—Daniell Cell. ZnS0, is negatively charged with respect
to the solution, and that copper is posi-
tively charged with respect to CuSOs. The potential difference
between the two liquids is negligible, and it therefore follows that
the copper is at a positive potential with respect to the zine. If
these two electrodes are joined externally by a wire, positive elee-
tricity will therefore flow along it from copper to zinc. The elec-
trical double layers are thus destroyed, and will reform through more
Cu” ions discharging and more zinc ions dissolving. The result
will be a continuous current flowing through the cell and around
the circuit, whilst the copper sulphate solution will become weaker,
depositing copper, and the zinc sulphate solution stronger at the
expense of the zinc anode. The E.M.F. of the cell is given by the
potential difference between the copper and zinc strips with open
external circuit, i.e. equal to the difference of the single electrode
potentials. In this case it is (copper potential—electrolyte potential)
minus (zinc potential—electrolyte potential). As both terms increase
with an increase in the concentrations of the respective electrolytes, the
E.M.F. of the cell should increase with increase of copper sulphate
concentration and with decrease of zinc sulphate concentration. This
deduction is borne out by facts.

4, Quantitative Reiations at Ionising Electrodes

Electrolytic Potential. — As the E.M.F. of such a cell is
determined essentially by the two electrode potential differences,
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these in their turn depending on the concentrations of the electrolytes

swhich are variable, and the electrolytic solution pressures of anode
and cathode, which are constants for the substance concerned (at
constant temperature and with the same solvent), it is important
that these latter values, or measures of them, should be known and
tabulated. A suitable measure of the electrolytic solution pressure
is the potential difference between electrode and electrolyte, rendered
comparable with values for other substances by eliminating effects
due to concentration differences between the different solutions. As
standard electrolyte, one containing always one gram-ton per litre of the
ion concerned is taken : thus a concentration of 355 grams Cl’ion,
56 grams Fe' ion, 96 grams SO,” ion per litre. The potential difference
in that case is known as the electrolytic potential (E.P.) of the electrode
reaction econcerned.

Before giving any numerical figures we must decide on the con-
ventions of sign and potential zero to be used. The potential of an
electrode will always be regarded as (potential of electrode minus potential
of solution), never as (potential of solution minus potential of elec-
trode), as is done by some writers. This will hold both for electrodes
which give off positive ions, such as those we have discussed, and for
electrodes furnishing negative ions.

There are two scales for potential measurement in common use.
The first is termed the absolute scale, and potentials expressed on
this scale, written (§,, are certainly near the actual absolute values.
Unfortunately it is not quite certain how close they are, although most
of the evidence available indicates that the difference is small. This
fact has led to the introduction of another scale of potential measure-
ment, in which the zero is quite arbitrarily fixed, and reprodueible
with accuracy.? This scale is the hydrogen scale (potentials written
&,), the electrode potential of a platinised-platinum electrode, half
dipping in 2n. H,S0,, and half surrounded by an atmosphere of pure
hydrogen, which bubbles at atmospheric pressure through the sulphuric
acid, being taken as zero-point. This electrode is termed the normal
hydrogen electrode, the 2n. H,SO, being very nearly 1n. with respect to
H' ion, and the hydrogen dissolved in the platinised platinum behaving
as if it had a definite electrolytic solution pressure.

The potential of the same electrode on the absolute scale is
-+ 0277 volt. This difference, of course, holds for all potential values
expressed on the two scales. Hence we have the relation

&, = & + 0:277.

The advantage of using the absolute scale is, of course, that the single

! Wilsmore, Zeitsch. Phys. Chem. 85, 291 (1900).
% Similar considerations led to the choice of O = 16 as the basis of atomic
weights, instead of H = 1.
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potential value at once tells us whether a certain electrode process
takes place with decrease or inerease of free energy. But, on the other
hand, the uncertainty mentioned above has led to the more general
adoption of the hydrogen scale, which is the one used throughout this
book, unless otherwise mentioned.

Voltage Series.—Table XVII contains the more important of
these electrolytic potentials, and the equations expressing the eleetro-
chemical processes of which they measure the driving force.

v

TABLE XVII
Electrolytic Potential = potential of elec-
trode minus potential of solution con-
TREEPESNOR it taining 1 gram-ion dissolved per litre.
& in volts. &a in volts
el W 1 s ] |
Na' —> Na + @ — 272 | — 244
Mg —> Mg +2® — 155 —1-27
n"—>7Zn+42@ — 076 — 048
e —> Fe + 2@ — 043 — 015 l
Cd"—Cd+20® — 040 — 012 |
Ni*—>Ni+2 @ —0-22 + 006
Pb"—Pb+20@ — 012 + 0-16
Sn” —— Sn+20@ — 010 -+ 018
H—1H+® + 000 + 0-277
Cu"—>Cu+20 1033 4061
30, + H,0 —> 20H' + 2 ® + 041 + 069
IL—I'+0 + 0°54 + 0-82
Hg,"—> 2Hg + 2 @ + 078 +1-06.
Ag'—> Ag+ @ + 0-80 + 1-08
3 Br,—Br + @ 1108 +136
1CL—C'+ @ 1 1-36 + 1-64
Au'——Au 4+ @ + 15 + 1-78

Two kinds of equilibria are represented in this table :—

(@) between metal and ion,

(b) between non-metal and ion.

For the fornter class the electrolytic potential measures the ten-
dency for ions to discharge their electricity and assume the metallic
state. To get a measure of the electrolytic solution pressure, or the
tendency for metals to ionise, we must simply reverse the signs of
the above figures. Then we see that for easily oxidisable metals,
such as Mg, Zn and Fe, we have high positive values, and for the noble?
metals silver and mercury large negative values, indicating a very
small ionising tendency.

! A positive potential is very often spoken of as a noble potential.
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The examples given of equilibria between non-metals and ions all
deal (except oxygen) with the halogens and the anions of the halogen
acids. Like the metals, the halogens tend to send into solution ions,
which are negatively charged, corresponding to the electronegative
character of the neutral substance. 'We can ascribe to each halogen
an electrolytic solution pressure, just as we did to the metals, and the
explanation of the potential difference at a halogen electrode,! the
formation of an electrical double layer, etc., will be the same as before.
The greater the ionising tendency, the more negative the solution
becomes, and the more positive the electrode, differing in this way
from the relations at a metal electrode. As the electrolytic potential
always measures the driving-force of that reaction which tends to
charge the electrode positively, in the case of anions it will be equivalent
to the electrolytic solution pressure, and will give a measure of the
tendency to ionise, not of the tendency to discharge. The more
reactive the halogen, 7.e. the more easily it enters the ionic condition,
the higher will be its E.P. Thus, we find that the values of E.P. for
iodine, bromine, and chlorine successively increase.

The above table sheds light on certain chemical reactions, more
particularly on the action of metals in displacing hydrogen from acids,
or other metals from salt solutions. We can make the general state-
ment that a metal will replace another of lower electrolytic solution
pressure from solutions of its salts.? As the metals stand in the table
in the order of decreasing electrolytic solution pressures, each metal
should be able to displace from solution all those below it. Conse-
quently we find that zinc will displace lead, iron will displace copper,
and copper turn out silver. Further tin and all metals above it should
be able to liberate hydrogen from dilute acids. Copper, silver, and
mercury, on the other hand, should be precipitated by hydrogen.

The facts are generally in agreement, and apparent exceptions can
be readily explained. A piece of very smooth pure zinc does not
dissolve in pure dilute H,SOq, very probably because of a thin film of
hydrogen, which is unable to form bubbles and so escape. If the
same pure zinc be roughened, it readily dissolves. Lead does not
dissolve in dilute H,S0; or HCI because of insoluble coatings of the
respective salts which prevent further action.* Hydrogen gas will not
precipitate copper from solution, because it cannot ioni%e. If, however,
a piece of palladium be placed in the solution, the hydrogen dissolves
in it, i able to lonise, and readily precipitates copper.

Effect of Ionic Concentration.— We have seen that an elec-
trode potential partly depends on the concentration in the electrolyte

1 See p. 99.

2 This is not always true with metals of nearly equal electrolytic solution
pressures, as the relative concentrations of the different metallic ions in the electro.
Iyte will then play a part.

3 Overvoltage (p. 118) also plays a part.
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of the ion concerned. If the ion is positive, the potential difference
becomes more positive with increase of concentration. If the ion
is negative, as Cl’, then the potential becomes more negative
or less positive with increase of concentration. In dealing with the
quantitative aspect of these relations we can attempt no proof
of the simple equations finally reached, but will merely state the
results. For a metallic electrode in a solution containing the corre-
sponding cation we have

&=EP. + (&3?22 log [C],

an equation connecting single electrode potential, electrolytic poten-
tial, and ionic concentration. [C]is the gram-ionic concentration and
n the valency of the ion. If we further simplify matters by assign-
ing a definite value to T—say 290°, which is room temperature—we
obtain

&=EP. + 0‘2—58 log [C].

From this simple formula can be calculated the single potential of
an electrode for different concentrations of electrolyte.

For example, what will be the potential of a zinc electrode immersed in
n. ZnSO;at 17°?  We have for this solution a = 0-2. Hence [C] is 05 x 0-2
= 0'1. We can put E.P.for Zn" = Zn + 2 @ as — 0765 volt. Also » is 2.
Hence

0°058
6= —0'765+T log 0°1

= — 0765 — 0029
= — 0794 volt.
(The experimentally determined figure is — 0-795 volt.)

If the electrode reaction involves an anion, instead of a cation, we
have a similar formula, only with an altered sign. The electrode
potential—i.e. potential of electrode minus potential of solution-—will
be higher the lower the ionic concentration. That is, we have

E=RBP — O'O?LOZT log [C].
And at 17°,
SmBp — Y0

Thus, for example, what will be the electrode potential at 18° of a chlorine
electrode in v » . KCl? We have a for y; n. KCl = 085, and therefore
[C] = 0085. Also E.P. is + 1363 volt, and » = 1. Hence

0-058
6 =1363 — 7 log 0085
= 1-363 — 0-058 (— 1-07)
= 1425 volt.
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A general formula for the E.M.F. of cells in which both electrodes
consist of substances in equilibrium with their corresponding ions
follows at once, being simply given by the difference of the two single
electrode potentials! The formula will naturally vary somewhat,
depending on whether the electrodes give out anions or cations. We
will again take the Daniell cell as example. OQur formula (at 17°) will be

0058

E=& — 6= (EP) + "*7;1* log [Cy]
Z(®P), — 0'3258 log [Cs].

The cathode is the copper electrode, which is more positively charged
than the zinc. We therefore write

(BB = BP0 33 kvolt:
(E.P), = E.P.,,._, ,, = — 076 volt.
W M= y

And

Zn"
[Cou]
= 1-09 + 07029 log - "
Vs
As we have already seen, E increases with [C,.], but is lessened by
an increase in [C,,.]. It can also be decreased by lowering [C,,.].
If KCN be added to the CuSO, solution, the Cu" ions are almost com-
pletely removed and converted into Cu(Cy).’ anions, cyanogen gas
being evolved. [C,,-] thus assumes an extraordinarily low value, so
much so that E not only falls to zero, but actually becomes negative.
That is to say, copper dissolves and zinc ions are discharged.

5. Gas Electrodes

Hitherto we have chiefly dealt with the electrode reactions between
metal electrodes and metal ions. There are other kinds of electrode
reactions which also need discussion. Gas electrodes have already
been mentioned. Besides hydrogen and the halogens, oxygen can
also ionise, the corresponding equation being 30, + H,0 — 20H’.
Nitrogen does not iomise. To render these gases electromotively
active, they are best bubbled through an electrolyte containing the
ion concerned in which dips a piece of platinised platinum, half
immersed in the solution. The gas will dissolve to some extent in the
platinum and can then ionise. Bromine and iodine ionise just like
hydrogen and chlorine, but in the case of oxygen the matter is not so

! Neglecting the small liquid potential difference.
H2
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simple. An oxide of platinum plays an intermediate role, the process
being partly irreversible. Smooth platinum can be used in all cases,
but is far less effective. The electrolytic solution pressure of a gas
dissolved in platinum is greater the higher the content of gas in the
metal, which in its turn is greater the greater the gas pressure in the
surrounding space. The potential of a gas electrode depends therefore
on the pressure of the gas, but, as moderate variations of pressure only
produce very slight effects, we need not further consider the matter.

6. Oxidation—Reduction Electrodes

We have seen that all reactions which can take place electromotively
are divisible into two parts—an oxidation process and a reduction
process, which take place electrochemically at anode and cathode
respectively. The oxidation process is characterised by an increase in
the number of positive charges associated with the substance oxidised,
and the reverse statement holds of the reduction process. Ag-— Ag’
is an oxidation, and Zn" — Zn or 3Cl,—> Cl’ a reduction. In all
cases so far considered, these single electrode reactions involve the
transference of electricity between an ion and an electrically neutral
substance, as in the above examples. But many reactions, when
resolved into their constituent oxidation and reduction processes, give
electrode reactions which involve transference of electricity from ion
to ion, no electrically neutral substance taking part. For example,
let us consider the reactions

Cu + Fe,(S0,); —> CuSO, + 2FeS0,

or Cu 4 2Fe” —> Cu’ + 2Fe™
and
2 KMnO -+ 10FeSO, -+ 8H,80, — K,80, 4+ 2MnS0,

+ bFe,(S04); + 8H,O0,
also expressed by
MnO,’” 4 5Fe” 4 8H' —>Mn" 4 5Fe™" 4 4H,0.
The former can be regarded as composed of the reactions
Cu+2@— Cu” %

and 2Fe' —> 2Fe” 42 @
and the latter of

BFe” + 5 @ — 5Fe )
wnd MnO,’ + 8H' —> Mn" + 4H,0 + 5@}

In three out of these four electrode processes we have ions taking
part on both sides of the equation.
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Now such chemical reactions can also generally proceed electro-
motively. In the first case, the following cell would be set up :

e
Pt Fey(SO,), Cu

FeSO,

The platinum acts as a cathode, by means of which positive elec-
tricity can leave the solution; otherwise it is unchanged. The
copper is the anode, and the electrode reactions will be as given. At
the platinum Fe,(S0,); will be reduced to FeSOs, whilst the copper
anode will dissolve to CuSO,. The arrangement for the second case
would be

CuSO‘

.*_‘ i
Pt | EMnO, | Fey(SO,), | Pt
MnSO, | FeS0,
H,S0,

The electrode on the left acts as cathode, and at it KMnO, is
reduced to MnSO,, and H,SO,; neutralised. At the other electrode,
FeSO, is oxidised to Fe,(SO,);. In both these arrangements the
diminution of free energy of the chemical reaction, usually dissipated
as heat, is utilised as electrical energy.

Such cells are termed oxidation-reduction cells, and the corresponding
electrode systems oxidation-reduction electrodes. As in the types of
electrode already discussed, the essential reaction is an increase or
decrease in the amount of electricity associated with a substance. We
can imagine potential differences to be produced at the electrodes in
the same way as before. Thus, with nickel in NiSO,, the two opposing
tendencies are the electrolytic solution pressures of the nickel, tending
to send Ni" ions into solution, and the osmotic pressure of the Ni*
ions tending to discharge metallic nickel. If the former tendency
predominates the electrode becomes charged negatively, and positively
if the contrary holds. Similarly with a platinum electrode in a mixture
of FeSO, and Fe,(SOy)s, the opposing tendencies are that of Fe™ ions
to give up positive charges to the electrode, and the tendency of Fe™
ions to take up positive electricity from the electrode and become
oxidised to ferric ions. If the driving force of the reaction

Fe — Fe" + @
exceeds that of

Feoa + @ ——)Fecan’
the electrode will become positively charged. Increase of the Fe'

ion econcentration will increase this positive charge, an increase of
Fer ions will diminish it. The formula expressing the variation of
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potential difference with ionic concentration is of the same type as
before. At 18° it is
0-058 o [G]
n

E=EP. + T

Here [C,] is the concentration of the more positively charged ion,
[C,] that of the other ion, and » is again the number of faradays involved
in the electrode reaction. In the case of Fe —Fe” + @, nis 1,
and we have \

[Cre-1.
[CFe ]

E.P., the electrolytic potential, is the potential of the electrode when
[Ci] =[C,] =1, 7.e. when the second term on the right hand of the
equation is zero. In the case of Fe'" —> Fe” 4 @, the electro-
lytic potential is + 0-71 volt, indicating that a ferrous-ferric sulphate
mixture has a strong tendency to give up positive charges, and hence
to oxidise other systems.

With more complicated electrode reactions, involving several ions,
the formula is less simple. The equation expressing the electrode
reaction must first be written in such a way that

S =EP.,.._ p- -+ 0058 log

left-hand side + positive electricity —> right-hand side.
Thus, with the permanganate electrode
Mn™ + 4H,0 4 5 @ — MnO,’ + 8H",
and not as
MnO,” 4+ 8H'— Mn" + 4H,0 + 5 @,
or as

MnO,” 4+ 8H' + 5 @ — Mn™ 4 4H,0.

If then the mass action chemical equilibrium constant of this reaction *
be taken as K, the single electrode potential at 18° is given by

=R +OO58 K.

E.P. being the electrode potential in a solution of gram-ionic con-
centration unity for all the ions taking part. In the present case n

is five and
[Cywo,] - [Cu T
K¥ [C)ln

0058 [‘,,,o‘] [CyT
[C.\[n ]

The tendency to give up positive charges——i.c. to oxidise—increases with

Thus we have

§=EP. +

b X S
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the acid and permanganate concentrations, and decreases with the
manganous salt concentration. :

A great advantage of consuiermg oxidising and reducing agents
(and reactions) in this way is the fact that we can plainly see that there
is no sharp line of demarcation between them. The oxidising power
of a solution is directly measured by the potential difference between
a platinum electrode placed in it and the solution itself. The more
positive the electrode, the more strongly oxidising the solution ; if the
electrode assumes a high negative charge, the solution is a strong
reducing agent. Alkaline SnCl,, or alkaline pyrogallol, gives a negative
charge to the electrode, and NaClO and KMnO, will charge it positively.
Between these extremes are electrolytes giving every conceivable value
of single potential difference. Generally speaking, a solution will
oxidise any other solution which charges an indifferent electrode to a lower
positive value, exactly as a metal will displace from solution other
metals of lower electrolytic solution pressure.

7. Cdncentration Cells

We have now discussed the different types of reversible electrode
reactions, and can understand how any two electrode systems, provided
they are at different potentials, when put together will give a primary
cell. If joined by an external wire, positive electricity will flow
through this circuit from the more positively charged electrode (cathode)
to the less positively charged one (anode), and back again through the
cell, whose E.M.F. will be given by the difference of the two single
electrode potentials.

One type of cell, rather different from those hitherto considered,
should be briefly mentioned—the concentration cell.? Consider the
general equation for the E.M.F. of an element

E=(§1"‘(§2

0058, 0-058
= (E.P.), — (E.P.),

] — log [C,]

(this form when both electrodes give cations). If the two electrodes

I It might be pointed out that the mechanism of these apparently complex
processes is really simple. Thus the reduction of MnO,” to Mn" ions can be split
into two stages

The first reaction takes place without ionic transference—so that the process
is essentially the reduction of hepta-valent to di-valent manganese, and falls into
line with the reduction of tri-valent to bi-valent iron. Similarly the oxidation of
Cr™ to CrOy’ (chromate) can be regarded as essentially the oxidation of tri-valent
to hexa-valent chromium.

* See also pp. 89, 115, 163, 207.
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(and the two ions) are identical, then (E.P.), = (E.P.), and n; = n,, and
we get

_ 008, (0],

n [Cz]

that is, the E.M.F. of the cell is determined by the ratio of the ionic
concentrations at the two electrodes.! Itincreases as this ratio increases,
and is in fact a measure of the diminution of free energy occurring
when the two unequally eoncentrated solutions are mixed. Except
when the concentration ratio is enormous these E.M.F.s never reach
large values.

E

8. Measurement of Single Electrode Potentials

The measurement of single potential differences is carried out very
simply with the apparatus in Fig, 19. The electrode to be measured
is opposed to a standard electrode, the potential of which is
known, thus producing a galvanic cell,
and the E.M.F. of this cell is measured
exactly as deseribed on page 90.
Suppose it to be E. ThenE= &; — &,
the difference of the two single poten-
tials. Knowing the standard potential
difference, and having determined E,
the unknown single potential at once
follows. TFig. 23 shows a convenient
form of vessel in which to set up
electrodes, whether standard or ex-
perimental. It is about 6 inches high,
and provided with asiphon-shaped side-
tube. The electrode itself is sealed
> into a glass tube passing through a

Fic. 93.—Electrode Vessel  Iubber stopper, or else is directly in-
serted through the stopper. When
making up a cell, the siphon side-tubes of the two electrode vessels
are filled by blowing at A, and dipped into a small vessel containing
an electrolyte in order to make clectrical contact. When this vessel
contains a saturated AmNO; or a saturated KXCl solution, the potential
difference at the eell’s liquid junetion is practically eliminated if the
electrolytes concerned are neutral or not too strongly acid.

The standard electrodes most commonly used are the normal and
deci-normal calomel electrodes. Their electrode system is Hg | KCI
solution saturated with HgCl. They are readily made up. Into a
vessel of the type described, half an inch of pure mercury is poured.

! The liquid potential difference in the cell is not considered.

|
:
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This 1s covered with a fine paste made by shaking up calomel and
mercury several times with some of the standard KCl afterwards
employed, throwing away the liquid every time. The vessel is then
filled up with KCl which has already been saturated with HgCl, and
the electrode is at once ready for use. The potential of the normal
calomel electrode (Hg|HgCl n.KCl) is &, = -+ 0283 volt at 18°;
that of the deci-normal electrode (Hg [[HgCl £ n.XKCl), &, = -+ 0336
volt at 18°.

For use with alkaline solutions, the electrodes Hg | HgO n . NaOH and
Hg|HgO ;n.NaOH are the best. The HgO must be made by the
thorough and careful ignition of pure mercuric nitrate. The same
type of vessel is used as for the calomel electrode. Pure mercury is
put in first, a layer of oxide added, and the NaOH solution poured on.
The potentials (constant after three days) are for the normal electrode
&, = - 0-114 volt, and for the deci-normal electrode &, = -+ 0169
volt at 18°.

For use with acid solutions, the hydrogen standard electrode of
potential difference + 00 volt,! works very well. But more con-
venient is the use of the system Hg | Hg:80, n . H,SO,. This mercurous
sulphate electrode is made up similarly to the others quoted, and has
a potential &, = - 0:689 volt at 18°.

If, as sometimes happens, it is necessary to measure the potential
difference at an electrode in an electrolysis tank or vessel whilst current
is passing, the siphon side-tube of the vessel containing the standard
electrode is very much lengthened, bent horizontally at the end, and
drawn out to a fine point, which is gently pressed up immediately
against the electrode in question.? Working thus, the error introduced
owing to the potential fall produced by the current is very low, seldom
exceeding 0-002 volt in extreme instances.

Literature

Le Blanc. Electrochemastry.

! See p. 95.
® Haber, Zeitsch. Phys. Chem. 82, 207 (1900). Also Foerster and Miiller,
Zeitsch. Elektrochem. 9, 200 (1503).



CHAPTER IX

ELECTROLYSIS AND POLARISATION—ENERGY EFFICIENCY
1. Polarisation

Ix the last chapter we discussed the electrochemical processes occurring
in different types of primary cells, the result of spontaneous chemical
reactions accompanied by a decrease in free energy. We must now
consider those cells in which the chemical energy of the system increases
during action, owing to electrical energy led in from outside. Such
cells are technically the most important.
The relations here existing are best understood by first considering
the behaviour of the primary Daniell cell under varying conditions.
We know that normally the copper
electrode is about 0-3 volt positive
cz '_Z"”" to the solution, and the zinc elec-
| —a trode 0-8 voltnegative to the ZnSO,.
The cell E.M.F. is consequently 11
volt, and we express the potential
Sotatzor.  difference relations as in Fig. 24.
Suppose now the cell is short-cir-
cuited by connecting the electrodes
A and C with a wire. Positive
electricity will flow along the wire
from A to C. A becomes less posi-
tive, and the potential difference
AB becomes less and falls below
its equilibrium value. C becomes
more positively charged, and the
C zZn potential difference BC becomes
-y eCOVE oss megative and changes from its
Fo. 24. equilibrium wvalue. In order to
restore the electrode equilibria,
copper ions deposit on A, increasing its positive charge, and zinc ions
pass into solution at C, thus tending to regenerate the original poten-
tial difference BC. But the supply of Cu™ ions in the electrolyte is
106
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only a limited one, whilst the Zn jons accumulate; hence the
potential differences AB and BC must both gradually diminish. The
E.MF. of the cell given by AC will thus decrease. The process will
continue until A and C are at the same potential, when electricity
can no longer flow from one to the other, and the cell ceases to act.

This final state is represented in Fig. 25. A’B is the potential
difference between copper and copper sulphate, C'B between zine and
zinc sulphate. As zinc ions have been con- -
tinually dissolving, the zinc sulphate con-
centration has increased until the electrolyte
has become saturated. As the Zn™ ion
concentration cannot further increase be-
yond this point, the potential difference Solation
BC'. cannot decrease any further, which is
the reason of the far greater change of
potential at the copper electrode. The ek&;% £
copper sulphate concentration after the
discharge of the cell is practically zero.
The fundamental point to be noticed is that (}J
when an electrode potential becomes less 4 Zn
positive than its equilibrium value, positive electrode
ions will be discharged (or in other cases
negative ions will pass into solution). e
When on the contrary it becomes more Fre. 25.
positive than the equilibrium value, positive
ions will enter solution (or negative ions will discharge), the tendency
being in every case to neutralise the equilibrium shift.

To return to the Daniell cell. Suppose that instead of short cir-
cuiting, and thus allowing the cell to work with a-loss of free energy,
corresponding to the chemical reaction

B

Zn + CuSO, —> Cu 4 ZnSQ,

—suppose electrical energy to be led into the cell from outside, reversing
the above reaction, and causing an increase in the power of the system to
perform useful work. This is done by making the potential of the
copper electrode more positive than its equilibrium value by connecting
it with some outside source of positive current, and at the same time
similarly rendering the potential of the zinc electrode more negative
than its equilibrium value. Reactions tending to restore the electrode
equilibria will set in. They will be, at the zinc electrode discharge of
positive Zn™ ions, at the copper electrode formation of positive Cu™
ions. With the external circuit closed so that the applied source of
current (and electrical energy) can steadily act, these processes will
continue uninterruptedly. The copper electrode will dissolve, and
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zinc will be deposited on the zinc electrode. The corresponding
chemical reaction is, as we have seen,

Cu + ZnSO; — CuSO, + Zn,

and the necessary increase of free energy is supplied as electrical energy.

When current is passed in this way into a cell from outside, raising
the voltage of the cell terminals above its static value and increasing
the free energy of the system, the cell is said to be polarised, and the
phenomena observed are those of polarisation. Similarly, when
a primary cell discharges in such a way that the voltage falls below
its static value (the E.M.F.) the cell is polarised. It is evident that
the value of the reversible electrode potential represents a true equili-
brium point for the electrode concerned. If the potential is raised above
this figure, current will tend to flow one way ; if lowered beneath the
cquilibrium value, the tendency will be in the other direction. Gene-
rally, when an electrode potential is more positive than its equilibrium
value, the electrode will attract negative charges, and function as an
anode ; when more negative than the equilibrium value the electrode will
behave as a cathode. Just as a cell is said to be polarised when electri-
cal energy is impressed into it from outside, so an electrode is said to
be polarised when its poten ial is altered from the equilibrium value
by an external agency or some other cause.

From what has just been said, it follows that an electrode is anodi-
cally polarised when its potential is made more positive than the equili-
brium value, and cathodically polarised when made more negative than
that figure. We speak correspondingly of anodic and cathodic polarisa-
tion. Strictly speaking, the polarisation of an electrode should be
measured by the difference between the actual value of the electrode
potential and the equilibrium value, but the term is often loosely
applied to the actual total value of the clectrode potential. The con-
ception of anodically and cathodically polarised electrodes will he
used continually in this book, and it will be well to thoroughly grasp
its significance before proceeding further.

2. Energy Efficiency

Decomposition Voltage.—When the single potentials of the Daniell
cell have the values corresponding to @ and ¢ (Fig. 24), and the
electrodes are joined externally by a conductor, current will flow
from copper to zinc through this external circuit. 1If, on the contrary,
the édectrode potentials be kept at ¢’ and ¢ and the external circuit
be closed, current will flow from copper to zinc through the cell, and
the chemical reaction ZpSO, 4 Cu —> CuSO, 4 Zn takes place. The
potential diffefgpce AC (11 volt) does not therefore only represent
the E.M.F. of thgDaniell cell, but also represents the minimum voltage
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which must be impressed on the cell terminals from outside in order
that the cyrrent may flow in such a way that electrical is trans-
formed into chemical energy. This minimum voltage is known as the
reversible decomposition voltage of the cell, and is equal to the
reversible E.M.F. of the corresponding primary cell.

It must be noted that whereas, when a cell is furnishing current,
its E.M.F. continually tends to fall, on the other hand, when current is
being forced through, the decomposition voltage tends to rise. This
difference is due to the opposite chemical effects which result. In the
Daniell cell, the Zn™ ion concentration increases, and the Cu’ ion
concentration decreases when giving current, whilst when current is
being sent through the reverse is true. In the one case there is a
decrease, in the other case an increase, of free energy.

We now see what are the conditions determining preferential
reversible ionic discharge in a solution containing several different
anions or cations. The various single potential differences correspond-
ing to several possible cathodic reactions are (at 18°) —

0058
G =E.Pa+ =" log [C]]
! 0058
&=EP,+ 2% 110
63_EP3+0058 log [C;], ete.

Now, a cathodic discharge will set in at an electrode as soon as its single
potential difference has been reduced below the corresponding equili-
brium value. Hence that cathodic reaction will set in first to which
corresponds the highest equilibrium potential.

Suppose, for example, a solution to contain copper and nickel salts, together
with free acid. Let the respective gram-ionic concentrations be [Cu™] = 0:015,
[Ni"] = 023, [H'] =072. Then the posslble cathodic reactions (excluding
Cu’ —-——>Cu + @)areCu'—> Cu+ 2@, Ni"—Ni+ 2@, and H' — }H,
+ @ and the corresponding single potentials

Ecu —> cn = + 0:33 + 0029 log 0-015 = + 0277 volt,
Exi s xi = — 022 + 0029 log 023 = — 0:239 velt,
Ex —» 1m, = 0°0 4 0°058 log 072 = — 0-008 volt.
The highest single potential difference corresponds to the reaction Cu® —— Cu,
and (assuming the reactions to take place reversibly) discharge of Cu’ ions will
' be the first to occur.

The case is very similar with various possible anodic reactions.
-At this point we will consider two only, the solution of a metallic
electrode and the discharge of an anion. As before, the equilibrium
potential of the metal is given (at 18°) by

§=EP. + 2% 1y [0
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whilst the potential for the equilibrium between the anion in solution
and its corresponding neutral substance is

g—up, %08

log [C].

Current in either case will pass as soon as the potential of the electrode
has become more positive than the corresponding equilibrium potential.
That reaction therefore will set in first to which corresponds the
lowest (most negative) equilibrium potential.

Suppose we have a nickel anode in Nal solution at 18°. The possible anode
reactions are Ni + 2 @ —> Ni”" and I’ + @ —> 4I,. In the one case nickel
ionises directly ; in the second case I’ ions are discharged and the liberated iodine
acts on the nickel, forming nickel iodide. Whatever happens Nil, is formed, but
in the second case as the result of a secondary reaction. The two electrode
potentials are

Gxi—> xi = — 022 + 0:029 log [Cy;-],
6;]. =2 0:54 — 0058 log [CI']’

If the Ni” ion concentration at the start be [Cy;-] = 04001, log [Cyy-] = — 3.
We can suppose the concentration of the I’ ions to be 1 n. Then we get
6,\‘1".—-—) xi = — 0:307 volt,

i, — I' = + 054 volt.

The direct ionisation of nickel occurs much more easily than the discharge of I’ ions
(reversibility assumed).

Energy Efficiency. — If an electrolysis could be carried out
reversibly, and with a 100 per cent. current efficiency, the amount of
electrical energy needed to produce a certain quantity of substance
electrolytically would be given by the product of the corresponding
quantity of electricity and the theoretical decomposition voltage.
But in practice this is never so. We have discussed the causes which
lower the current efficiency. And, owing to srreversibility of electrode
processes, and the voltage necessary to overcome the resistance of the
electrolyte, the working voltage of an electrolytic cell always exceeds the
theoretical decomposition voltage. The theoretical quantity of energy
necessary to form one gram-equivalent of product is 96540 E joules.
The necessary quantity in practice is the product of the working
voltage into the quantity of electricity required. The percentage ratio

theoretical quantity of energy
quantity of energy actually used
the process, naturally a more important magnitude than the
current efficiency, which deals with one factor of electrical energy
only. Its calculation is very simple.

is termed the energy efficiency of

If, for example, the reversible decomposition voltage corresponding to a
_certain transformation is 1'7 volts and the working voltage 28 volts, whilst a 90
per cent. current efficiency is obtained, the energy cfficiency is

s 90
28 X 100 X 100 = 65 per cent.
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Measurement of Voltage.—Voltage is measured by voltmeters,
which need no description here. .They are simply high-resistance
ammeters, which are shunt connected across the points between
which the voltage drop is to be measured. The current passing
through is proportional to the voltage, and the scale is graduated
directly in volts. It is essential that the resistance of the instrument
be high, compared with the resistance of .
the main circuit. A single voltmeter can i
be adapted for a wide range of measure-
ment by introducing a series resistance C
(Fig. 26) into the voltmeter circuit, and
thus decreasing the current going through
the circuit for a given difference of poten-
tial between A and B. If, for example, C
has nine times the resistance of the volt-
meter, then the resistance of the circuit is
ten times what it would be in absence of C,
the current is one-tenth as great, and the

Fia. 26.
e 4a! A =~ Voltage Measurement with
value of each scale-division in volts 1s Ballast Resistance.

increased tenfold.

The use of these ballast resistances (‘ multipliers ’) enables much
higher voltages to be measured than would otherwise be possible with
the same instrument! When the voltmeter is designed to measure

I

Fig. 27.—Voltmeter Calibration.

very high voltages, the multipliers are kept outside, but for low range
instruments are placed inside the voltmeter and put into circuit by
means of separate terminals.?
Voltmeters are most simply calibrated by direct comparison with
! Cf. use of shunts for current measuremeunt, p. 31.

% See p. 31 for the measurement of current with the aid of a high-resistance
voltmeter.
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a standard instrument. The two instruments are connected in parallel
with the same two points in the main circuit, which contains a source
of E.M.F. of greater magnitude than the maximum reading of the
voltmeter, and an adjustable resistance. By varying this resistance,

Fia. 28.—Measurement of Decomposition Voltage.

the potential drop between the points on which the voltmeters are
laid is also altered. Simultaneous readings are taken. The apparatus
is shown in Fig. 27.

Measurement of Decomposition Voltage.—A knowledge of the
reversible decomposition voltage is important for purposes of calcu-
lation of energy efficiency. When, as in the Daniell cell, the two
single potential differences are known, no measurement is necessary,
but that is very often not the case. The direct determination is
carried out as follows (Fig. 28). A uniform potential drop is produced
along a slide-wire AB by a battery C. In the shunt circuit ADE
are placed the electrolytic cell and a
sensitive milliamperemeter or galvano-
meter F, making- connection with the
slide-wire by the contact E. A voltmeter
V is placed across the terminals of the
cell. At the commencement E is brought
down close to A. It is then gradually
moved up the wire, thereby increasing
¢ the voltage applied to the ends of the

Voltage shunt circuit. Readings of voltmeter

Fia. 29.—Decomposition and ammeter are simultaneously taken.
YiNiago Ourre; At first only a very small current

: goes through the circuit, but when the

decomposition voltage has been reached, the current passing
will suddenly increase, owing to decomposition commencing. The
voltmeter reading at this point indicates the decomposition voltage.

Current.
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It should strictly be corrected by an amount equal to the product of the
resistance of the cell and the small current passing through. This
correction is generally small. The type of curve obtained is shown
in Fig. 29. An exactly similar one is got by plotting current against
the electrode potential of a single electrode. When the potential
difference passes the equilibrium value, the current will suddenly rise.
Such a curve is a current electrode-potential curve.

Back Electromotive Force.—We have seen that the E.M.F. of
a primary cell equals the reversible decomposition voltage of the
same system, and the second method used for determining that magni-
tude depends on this fact. It consists in taking the polarisation
discharge curve or in observing what is termed the back E.M.F.
of the cell. Current is passed through the electrolysis vessel, and
‘certain amounts of the products collect on the electrodes. The main
circuit is then broken, and the cell simultaneously short-circuited
through a high-resistance voltmeter. It now behaves as a primary
cell, and will furnish current and give the corresponding voltage as
long as traces of the precipitated products remain on the electrodes.
The voltmeter reading under these conditions is equal to the decom-
position voltage of the electrolyte. The voltmeter used must be of
high resistance, otherwise the
products will disappear too
quickly to allow of satisfactory \
observations. §

=

The voltmeter readings are
generally plotted on a curve
against time. A horizontal
portion, indicating constancy of Time
voltage, corresponds to the back F1a. 30.—Polarisation Discharge Curve.
E.MF. and to the decomposi-
tion voltage of the electrolyte. Such a curve is shown in Fig. 30.
The experiment is most conveniently made by putting the voltmeter
in shunt across the terminals of the cell whilst the main current is
passing. When the main circuit is opened, voltmeter and cell are
then short-circuited.

3. Factors affecting Electrolysis

So far we have only considered the polarisation of an electrolytic
cell as due to the reversible decomposition voltage of the process
taking place. But there are other effects which help to determine the
working voltage. A certain amount of energy is lost in overcoming
the electrolyte resistance. The current always causes concentration
changes, due partly to the different rates of migration of the different
ions, and partly to chemical changes at the electrodes. And these

I
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concentration changes always tend to act as a concentration cell, oppos-
ing the main impressed voltage and causing concentration polarisa-
tion, Still more important is the fact that the voltage required for
passing current through an electrolyte is generally augmented by the
incomplete reversibility of the electrode processes.

Reaction Velocity Effects.—This irreversibility is usually due
to insufficient reaction velocity of some part of the electrode pro-
cess. Suppose, for example, the process is the discharge of an ion
which deposits its material part on the electrode. There are two
successive stages involved. The ions give up their charge, liberating
the neutral residues. Then the equilibrium in the electrolyte, disturbed
by the ionic discharge, is adjusted through diffusion to the electrode of
fresh ions or by dissociation of neutral molecules or complex ions.
All our evidence shows that the ionic discharge takes place very quickly
indeed.

But, on the other hand, the subsequent diffusion or dissociation may
be far less rapid, and ions will be discharged from the electrolyte more
quickly than they can be regenerated in their equilibrium concentra-
tion. Let the process be the discharge of a cation. If by reason of an
insufficient reaction velocity the concentration of the ion at the electrode
keeps permanently below its static equilibrium value (the concentration
it would have if no current were passing), then the working value of &
will fall, and consequently a greater cathodic polarisation will be necessary
to discharge ions at a given rate (to work, that is, with a given current
density) than if the velocity of resupply of the ions were as great as
their velocity of discharge. In other cases an accumulation of pre-
cipitated product at the electrode (for example, a gas) may, so to speak,
¢ clog ’ the working of the electrode process. The mechanism of such
effects we shall consider in Chapter X. Electrodes at which these
irreversible processes commence at low current densities are said to be
easily polarisable. Oxidation-reduction electrodes particularly often
behave thus. We shall see later how sometimes the nature of the
electrode process can be actually changed owing to some irreversible
effect setting in.

The nature of the reaction resistance present can often be ascertained
by marking the effect of stirring the electrolyte or of a temperature rise.
When the slow reaction is of the nature of a diffusion, stirring will tend
to decrease the necessary polarisation; if a chemical reaction or a
dissociation, an increase of temperature may be expected to produce
that effect. Increased temperature should also act favourably, only
less so, if it is a diffusion phenomenon. This effect of temperature is
of course precisely the same as its effect on reaction resistances met
with in purely chemical reactions, such as the combination of hydrogen
and oxygen to water at low temperatures. Polarisation must naturally
always be avoided as far as possible. 1In a primary cell, it lowers the
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E.M.T. that the cell would otherwise give. In electrolysis, it increases
the voltage required. S

Depolarisation.—Any agent through which the polarisation in a
cell can be lessened is termed a depolariser. A depolariser can act
in two ways. It can catalyse the slow reaction which is causing
irreversibility, in which case the E.M.F. or voltage will more nearly
approach the theoretical reversible value. Thus, when hydrogen is
liberated electrochemically at a metal surface, the cathodic polarisation
necessary is, in many cases, very considerable. But with a platinised
platinum cathode, the electrode potential only very slightly differs
from the reversible value. Similarly a low concentration of Cl’ ion will
catalyse the anodic solution of nickel in a nickel sulphate solution.
With no chloride present, the nickel will practically cease dissolving
when a certain low current density is exceeded.

Then a depolariser can also act by reducing the energy consumption
at the electrode below the amount corresponding to the equilibrium
electrode potential. This simply means altering the electrode process,
and substituting for it one that can take.place more easily. For
example, in the Grove or Bunsen primary cell, the cathode system is a
platinum or carbon electrode surrounded by strong nitric acid. In
the absence of the strong acid, the cathode reaction consists in the
discharge of H'" ions (at the anode zinc is dissolved) and the E.M.F. of
the cell is about 07 volt. With the strong acid present the cathode
reaction is depolarised. The H' ions are no longer discharged, but the
nitric acid is reduced to nitrous gases, and water is formed. The
E.)LF. of this depolarised cell is about 1-0 volt.

Concentration Polarisation.—We have seen that, when a current
passes through an electrolyte, it causes concentration changes at
the electrodes, and that these changes always act in such a way as to
oppose the E.M.F. driving current through the cell. Let us consider
a simple case, two similar copper electrodes in
a copper sulphate solution. Provided that no ,
concentration differences are produced the inpr Cathods
single potentials of the two electrodes should T
be equal ; in which case no polarisation would
occur, and the voltage necessary to pass a given
current through the cell would be simply that
required to overcome the ohmic resistance of
the CuSO, solution. But, as a matter of fact,
copper is dissolved from the anode and deposited e ganranic
at the cathode, and the CuSO; concentrations in Fc. 31.
anolyte and catholyte respectively increase and
diminish. This causes a raising of the anode potential and a lower-
ing of the cathode potential as shown in Fig. 31, and the voltage
absorbed by the cell is increased by the polarisation represented by the
difference in height between the dotted lines.

r 92






CHAPTER X

CATHODIC AND ANODIC PROCESSES IN DETAIL
A. Carnopnic PROCESSES

For our purpose, we can divide cathodic processes into four classes :
(a) hydrogen evolution,
(b) metal deposition,
(c) formation of anions (unimportant),
(d) electrolytic reduction processes.

1. Evolution of Hydrogen

The equilibrium potential of a hydrogen electrode in a solution
containing H' ions is expressed by the formula

é = E.P.H-__) 1H, + 00002 T lOg [CH']

We have taken as our zero of potential difference the single potential of
the electrode H, | ¥/,H', which means that we write E.P.._, ,; = 00
volt. Then the cathodic potential at which reversible H' ion discharge
to hydrogen at atmospheric pressure will commence is given by the
formula 0-0002 T log [Cy.]. The greater [C], the sooner hydrogen evolu-
tion will set in.  For an aqueous solution, in which the water dissociates
giving H' and OH’ ions according to the equation H,O .=~ H' + OH/,
the concentrations of these ions are connected by the mass action
equation

K. [CH.ZO] = [CH'] o [COH']
which can be written
K, = [Cx] . [Com]
since [C, ,] may be regarded as a constant. K,, the dissociation
constant of water, has a value at 18° of 056 X 10~ % 1In a neutral
solution,
[Cr] = [Con] = v/ K, = 08 X 1077
117
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Substituting this value in the expression for the potential difference
of the hydrogen electrode, we get

& = 0058 log 0-8 x 10 ~7 = — 0412 volt.

This gives the potential at which reversible hydrogen evolution will
commence in a neutral solution at 18° If the solution is normal
with respect to OH’ ions, [Cy]= 056 X 10~ and we calculate
& = — 0827 volt. So much for the reversible discharge of H" ions.

Overvoltage.—But, as has already been mentioned, when hydrogen
is electrolytically produced, a cathodic polarisation beyond the calcu-
lated reversible figure is almost invariably necessary, its amount
depending on the nature of the electrode. material. Table XVIII
contains a number of these overvoltages—the overvoltage being the
difference between the required cathodic potential and the equilibrium
value. In column I are figures obtained by Caspari! for different
electrodes when the formation of hydrogen gas bubbles could be first
observed. Column II contains measurements of- Coehn and Dannen-
berg,® who determined the cathode-potential current curve of the
electrolyte by the method on page 112. Except with iron, ¥/, H.SO,
was used in all cases.

TABLE XVIII

Cathode 1. II.
Platinised Platinum 0-005 volt 0+000 volt
Iron (in NaOH) 008 003
Smooth Platinum 0-09 —
Silver 0-15 007
Nickel 0-21 0-14
Copper 0-23 0-19
Tin 053 —
Lead 064 0-36
Zinc 0-70 —
Mercury 0-78 044

Though the two figures for the same cathode material may differ con-
siderably, the order is the same in both columns. Caspari’s values
are always higher than those of Coehn and Dannenberg. This is due
to the fact that the overvoltage rises very quickly with increase of
current density, and that while the numbers in column II were obtained
with a very low current density, at a stage prior to visible gas evolution,
this is not so with the figures in colnmn I.  We have already encountered
this rapid rise in the magnitude of irreversible effects, caused by
increased velocity of a process.

Of course, a greater current density means a greater concentration
polarisation, but the effects noticed here far exceed any due to concen-

v Zeitsch. Phys. Chem. 30, 89 (1899).
2 Ibid. 38, 609 (1901).
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tration changes. A comparison of the following figures with those
in the table will show this. They were obtained?® in 2n. H,SO, at a
cathodic current density of O-1 amp./cm? and at 12°. (Iron and
smooth platinum 2 in NaCl + ¥/, NaOH at 22°.)

Hg Pb Pb Sn Cu Ni Pt

(polished) (rough) (smooth)
1-30 1-30 123 115 079 074 065
Fe Pt
(platinised)
055 007

Graphite behaves very much like nickel,® as does brass also.* The
following figures for Hg show the continuous effect of increasing current
density.®

Current density Overvoltage.
0°0004 amp./cm.? 1-04 volts
0-001 1-08
0-002 112
0-01 1-19
0-02 1-22
0-04 125
0-1 130

It is only with platinised platinum, at which hydrogen overvoltage
scarcely comes into play, that the difference between the above figures
and those in Table XVIII is of the order corresponding to an increase in
concentration polarisation. With the other metals it is far greater.

Overvoltage does not usually assume its full value immediately
after current begins passing. It may easily take hours before the
maximum effect is reached. There are some exceptions—thus mercury
and lead, two of the metals with the greatest hydrogen overvoltage,
exert their full influence almost instantaneously. The overvoltage given
by a metal depends much on the nature of its surface. The rougher
the surface, the less will it be. The difference between platinised and
polished platinum is a good example, whilst 0-28 volt more is required
at smooth than at spongy lead.® This is doubtless largely an effect
of current density, which is much less (under otherwise equal conditions)
at a roughened or spongy surface. But the phenomena, including
the variation of overvoltage with time, are often very complex,
as the results of Nobis? on graphite and carbon cathodes show.

! Tafel. Zeitsch. Phys. Chem. 50, 641 (1905).

2 Sacerdoti. Zeitsch. Elektrochem. 17, 473 (1911).

3 Nobis. Dissertation (Dresden, 1909).

4 Mott. Trans. Amer. Electrochem. Soc. 15, 569 (1909).
5 Tafel. Loc. cit.

6 Strasser and Gahl. Zeitsch. Elektrochem. 77, 11 (1900).
7 Loc. cit.



120 PRINCIPLES OF APPLIED ELECTROCHEMISTRY [cuar.

A temperature increase, as with other irreversible effects, diminishes
the overvoltage. Thus in alkaline NaCl solutions at 0-5 amp./cm.?,
Sacerdoti® found the overvoltage at a smooth platinum anode
to be 1+4 volts at 22° and 0:95 volts at 99°. The possible causes of
overvoltage are discussed on p. 133.

As we shall see, overvoltage can be technically very important.
It does not merely mean an increased energy expenditure in the
separation of hydrogen (or other gases, overvoltage not being peculiar
to hydrogen), but, owing to the changes in the electrode potential
which it causes, may actually alter the nature of the electrode process.

2. Cathodic Metal Deposition

Irreversible Effects. —The reversible process and concentra-
tion polarisation effects have already been discussed. Irreversible
effects analogous to overvoltage do not often occur, but Foerster and
his pupils have investigated a few cases. If copper or zinc be deposited
from solutions of their potassium double cyanides, the cathodic polarisa-
tions needed increase very rapidly with increase in current density, far
more rapidly than when using the simple salts. The accompanying
Table XIX well shows this.?

TABLE XIX

‘ Cathode potential in volts
Current density IE—(—;_ “'*‘A\:/' AT . T ) ;
| N.CuS0, ' 10KCuCy, N.ZnSO, ‘ 10K2ZnCy )

0-0 (equilibrium potential) + 0302  —0610 —0795 — 1-033
0-001 amp. /cm.? +0273 | —077 | —0829 @ —112
0-003 amp. /cm.? | +0262 | —112 . —0-838 — 125

With the simple salts the difference in polarisation between the
first and third lines only amounts to 0°04 — 0:05 volt; with the
complex copper cyanide it is 0-51 volt, and with the complex zinc
cyanide 022 volt. The considerable difference is due to the fact
that in the cyanide solutions, the free metal ion concentration—i.e.
Cu’ or Zn" jons—is very low. Thus practically all the copper is
present as Cu(Cy),’. When current passes, the store of free Cu’ ions
is immediately cxhausted, and must be regenerated by dissociation
of the complex as follows :

Cu(Cy),’ — 2 Cy’ + Cu'.
If this dissociation cannot keep pace with the removal of the Cu’

1 Loe. cit.
2 Spitzer, ‘Zeitsch. Elektrochem. 11, 345 (1905) ; Coffetti and Foerster, Ber.
83, 2034 (1505).
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ions from the electrolyte, the Cu’ concentration will fall, and the
electrode potential become more negatlve That this happens is
evidently the case.

With certain simple salts, notably those of nickel and iron, similar
retarding influences act. The following Table XX* contains the
cathodic potentials for the precipitation of iron and copper from slightly
acid FeSO, and CuSO; solutions at 20°.

TABLE XX
Current density CuSO0, FeSO,

0-00 x10-* amp. /cm.? + 0303 volt — 0465 volt

0-57 — 0573

1-13 + 0-292 — 0594

2:21 + 0-290 — 0606

45 : + 0-289 — 0616
113 + 0-287 — 0630
9277 + 0-281 — 0644

The difference between the behaviour of the two salts is very
marked. Nickel salts behave similarly to iron salts,* and Foerster
believes the explanation to lie in the slow rates at which the reactions
Fe'—> Fe+2@ and Ni"— Ni+ 2@ proceed. In order to
increase these velocities, the respective cathodic polarisations must
be increased. The fact that this abnormal behaviour becomes less
marked at higher temperatures strongly supports some such reaction
resistance explanation.

Depolarisation of Metal Deposition.—This takes place when
the metal precipitates in the form of an alloy. Its electrolytic solution
pressure will then be less than in the pure state, and the cathodic
potential drop necessary for ionic discharge will be lessened. The
extent to which this depolarisation occurs will depend essentially on
the type of the alloy. If the two metals form a solid solution in all
proportions, the electrolytic solution pressure of the metal concerned
can be taken as very roughly proportional to its concentration in the
alloy. If this contains a high percentage of the second metal, the
electrolytic solution pressure of the first metal will be correspondingly
lowered, and wice versa. If the two metals only mix to a limited degree
the depolarisation effected by the second metal will in all probability be
small, as the saturation limit will soon be reached and the great bulk
of the first metal will have to overcome its full electrolytic solution
pressure during deposition. If the two metals form a compound
which dissolves in excess of the second, we have the most favourable
conditions. The electrolytic solution pressure of the first metal is

very much lowered, and consequently also the potential drop required
for its deposition.

! Foerster and Mustad, Abhand. Bunsen Ges. 2, 44 (1909).
2 Schweitzer, Zeitsch, Elektrochem. 15, 602 (1909).
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The second metal which does the depolarising can either serve as .
cathode, or else can be deposited simultaneously with the first during
clectrolysis. A good example of the first-mentioned method is the
electrochemical formation of alkali-metal amalgams. When a sodium
chloride solution is electrolysed, using a mercury cathode, Na' ions
are discharged, the liberated metal dissolving in the mercury. This
happens in spite of the exceedingly high electrolytic solution pressures
of the alkali metals (that of sodium is &, = — 2-72 volts). The result
is due to two factors.

The first is the high overvoltage of hydrogen at a mercury cathode,
rendering the discharge of H' ions more difficult. The second is
the fact that sodium can combine with mercury, giving such com-
pounds as Hg¢Na, etc., and that the electrolytic solution pressure of a
solution of sodium in mercury is consequently far below that of sodium
itself. This case is technically very important, and we shall meet it
again later.! The results of Haber and Sack ® show that direct precipita-
tion of the Na' ion can also take place under certain conditions when
using cathodes of other materials, e.g. lead, tin, platinum. The use
of an alkaline solution with its very low H' ion concentration, and a
high carrent density (with its high overvoltage) are favourable.

The depolarisation of the discharge of a metal by another simul-
taneously deposited can be illustrated by the electrolysis of an aqueous
solution of a mixture of zinc and nickel salts.* Although zinc is more
strongly electropositive than nickel and should therefore not deposit
as easily, and although the nickel salt may be present in excess, the
cathode deposit will nevertheless principally consist of zine, so strongly
has the nickel depolarised the discharge of the zinc ions. The slow rate
of the process Ni"—— Ni 4 2 @ (previously mentioned) cannot here
alone explain the facts. Similar causes act and similar results are
obtainéd in the electrolysis of mixtures of zinc and iron salts. The
first fractions of the cathodic deposits contain a large excess of zinec.

Metals giving more than one Cation.—We must briefly consider
the potential relations existing during the cathodic deposition of
a metal which can furnish more than one kind of ion. Common
examples are tin (Sn"" and Sn"), iron (Fe' and Fe™), and copper
(Cu* and Cu’). If such a metal be put in a solution of one of its salts,
chemical action will take place to a greater or less extent until equili-
brium has been set up between the metal and the two kinds of ions.
Thus, if iron be placed in a solution of FeCl;, the FeCl; will be almost
entirely reduced to FeCl,, and the equilibrium arrived at will correspond
to the equation

2Fe™* + Fe > 3Fe™.

1P, 347, 2 Zeitsch. Elcktrochem. 8, 245 (1902).
% Schoch and Hirsch, Jour. Amer, Chem. Soc. 29, 314 (1907).
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- 'With copper the equilibrium lies over in favour of the Cu’ ions, with
iron and tin in favour of the ions of lower valency. One of the ions
may be to a great extent under the prevailing conditions converted into
a complex ion. In that case the equilibrium moves over very much in
favour of that valency. This happens with the copper system when
the solution contains many Cl’ions. The tendency of the Cu’ ion to form
complex anions such as CuCls” is much greater than the corresponding
tendency of the Cu’* ions. When therefore a solution of CuCl, in HCI
is boiled with metallic copper, it is almost completely converted into
the cuprous state. But very few Cu’ ions are present ; the equilibrium

Cu” + Cu > 2Cu*

is still satisfied, the cuprous copper being present as H,CuCls.

When such a metal is deposited from solution, the tendency is
always for the corresponding equilibrium to set itself up, and for the
two different ions to deposit in such proportions that the concentra-
tions left in the solution always correspond to equilibrium conditions.
From CuSO,, the metal practically deposits as a di-valent metal, the
Cu’ ion concentration in the equilibrium solution being very low, and

the ratio guu— deposited consequently high. From iron sulphate the

metal behaves as if only Fe' ions were deposited. But if copper
be precipitated from a strong chloride solution, it behaves nearly
quantitatively as if its ions were mono-valent. -The lower the Cl’ ion
concentration, and hence the smaller the proportion of copper present
as complex, the greater grows its apparent electro-valency, the larger
becomes the proportion of Cu’ ions deposited. With gold from gold
chloride solutions also, the metal behaves as if its valency were inter-
mediate between one and three. We shall meet several of these cases
later. The above considerations hold for equilibrium conditions, and
therefore strictly for very low current densities only. With higher
current densities one may get rather different results, if the ionic
discharge proceeds more quickly than the chemical equilibrium can
adjust itself.

The conditions for reversible cathodic precipitation of metals and
hydrogen have been discussed in Chap. VIII, and it has been shown
how to calculate the electrode reaction which sets in most easily on
cathodic polarisation of a given solution. It is now seen that, in
practice, a number of irreversible effects must also be considered
before it can be stated whether the deposition of hydrogen or of such
and such a metal will occur most easily. The overvoltage of the
hydrogen evolution, the excess polarisation needed for the precipitation
of certain metals, the dependence of both these factors on current
density, any possible depolarisation of the discharge of an ion, must
all be allowed for. Thus, though zinc is considerably more clectro-
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positive than iron, yet it can be cathodically precipitated from a solution
containing much H,S0, where iron, under otherwise similar con-
ditions, does not deposit. This is due to the higher hydrogen over-
voltage at a zinc surface, rendering H' discharge more difficult, and
to the resistances opposing the deposition of Fe™ ions. As these
resistances to metal deposition only seldom occur, whereas hydrogen
overvoltage invariably increases rapidly with increase of current
density, it follows that high current densities favour the deposition
of electropositive metals in presence of acid.

It is generally best to keep electrolytes from which metal is being
deposited at least faintly acid; otherwise basic salts or hydroxides
are liable to be precipitated in the solution. A high metal ion concen-
tration is also of course advantageous. With very strongly electro-
positive metals, such as magnesium, even when using very concentrated
faintly acid solutions, hydrogen is preferentially evolved, and precipi-
tates of basic salts or hydroxides are produced near the cathode. With
the alkali metals the same holds good, but the basic product is not
insoluble. To get alkali metals, and not hydrogen, cathodically
deposited from an aqueous solution, the conditions must be very
favourable—powerful depolarisation of the metal precipitation and
a big overvoltage for the H' discharge.!

Physical Condition of Cathodic Deposits. — The physical
condition of a deposited metal is of prime importance. The extractor
or refiner wants it in coherent form, the plater must have it so that
it can be burnished. In practice different metals can be deposited in
very different conditions of aggregation, and at present one cannot
satisfactorily co-ordinate all the differences observed with the con-
ditions of electrolysis. Iron and nickel give very regular finely gramed
deposits from moderately strong sulphate solutions; copper gives a
coherent product of a markedly crystalline character.? Other metals—
e.g. lead and tin—are deposited (from Ph(NO;), or SnCl,) as loose
crystals, and platinum forms a loose amorphous powder. Many other
metals — e.g. copper—can give such an amorphous precipitate,
particularly from very dilute solutions.

The cffect of concentration changes indeed is very marked and
regular. The more concentrated the solution, the better and more
coherent the deposit. The more dilute the solution, the smaller the
crystals and the looser the deposit formed. Now, a high current
density causes a low ionic]concentration in the immediate neighbour-
hood of the electrode and therefore should give a worse deposit, and
this conclusion is amply confirmed in practice. To get good cathodic
deposits, the cathodic current density must generally in technical work

| Pp. 318, 347.
* Yor the cause of the nodular or crystalline growths often observed at the
edges bf cathodes, sce p. 150.
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not exceed 0°02 amp./em.? at room temperature. At higher tempera-
tures the conditions are different. We have seen that concentration
polarisation can be largely avoided by working at higher temperatures
(whereby the rate of diffusion of ions to the electrode is increased) or
by agitating the electrolyte. The same treatment should therefore
improve the character of the electrode deposit, and does so. At high
temperatures, and with a rapid circulation of the electrolyte, or using
a revolving cathode, good deposits can be obtained at a current density
of 0'1 amp./em.? or more. In the electrolytic determination of metals
by cathodic deposition, it is essential that the precipitate be perfectly
coherent as well as pure. With a stationary electrolyte only a very
low current density can be used ; but if the cathode is rapidly rotated,
this can be enormously increased and the time taken for the analysis
correspondingly reduced. Revolving cathodes are occasionally used
technically.!

A bad electro-deposit is often accompanied by hydrogen evolution 2
and the formation of a basic precipitate, and is sometimes stated to be
due to these phenomena. It is better to regard all three effects as
caused by the low metal ion concentration in the electrolyte. The
formation of hydrogen is thereby facilitated, and the removal of H
ions of course tends to precipitate basic substances. The evolution
of hydrogen, some of the bubbles of which adhere to the electrode, is
one of the causes of growths on the same. The whole effect of concen-
tration on the nature of the cathodic deposit runs parallel to its effect
on the nature of metal precipitated chemically in the wet way. In this
case again a more finely crystalline or an amorphous deposit results
from dilute solutions.?

The nature of the salt from which the metal is deposited has often
considerable influence. But the only traceable regularity is that
metals deposited from solutions in which they are chiefly present as
complex anion generally come down in a dense smooth finely grained
form. Examples are copper and silver from their alkaline cyanide
solutions and tin from ammonium oxalate solution. Danneel * suggests
that this characteristic form of metal is produced by the discharge of
the complex anion, not of the simple cation. Thus from a KAg(Cy),
solution the process of cathodic discharge is

AgCy, — Ag 4 2Cy’ + @,

‘ Ag—> Ag + ®.
Other independent evidence makes this explanation very probable.?

and not

! Pp. 270, 286, 287, 316, 317.

: For the effect of the hydrogen content on electrolytic iron deposits, sce p. 300.
Mylius and Fromm. Ber. 27, 630 (1894).

* Zeitsch. Elektrochem. 9, 763 (1903).

° See Haber, Zeitsch. Elektrochem. 10, 433, 773 (1904).
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One other point must be noticed, and that is the immense effect
often produced on a metallic deposit by the addition of a trace of some
organic substance, sometimes a colloid, sometimes not, to the electro-
lyter A very fine-grained smooth velvety deposit results. Instances
are the addition of gelatine to a nickel-plating or copper bath, or of
resorcinol to a zine tank. The action of the addition agent is selective.
Thus resorcinol does not improve the nature of lead or copper deposits.
Further, if the quantity added increases beyond an exceedingly low
limit, the deposit becomes very brittle, and is found to contain organic
matter. Miiller and Bahntje * suppose that the first product of ionic dis-
charge is colloidal metal, and that the addition agent acts as a protective
colloid, determining the size of metallic particle ultimately cathodically
precipitated and affecting the direction in which the metal colloid
wanders under the electric field. The same hypothesis would account
for the marked differences brought about by small changes in acid
and alkali concentration near the neutral point, presence of traces of
colloidal hydroxide, etc.

Cathodic Production of Anions.—This does not concern us much.
Two cases, however, present technical interest. If the cathodic
solution of chlorine and of oxygen according to the equations

Cl,— 20l '+ 2
and
0, + 2H,0 — 40H’ + 4P

could be successfully brought about under technical conditions, it would
be a matter of the first importance for the construction of technical
primary cells® But it has not been achieved up to the present.

3. Electrolytic Reduction

This is the last type of cathodic process to be discussed. The
employment of electrolytic methods for oxidation (see later) and re-
duction reactions possesses several advantages. Thus as the reduction
consists either of a change in the ionic charge, or of an alteration in the
hydrogen or oxygen content of the substance effected by means of
cathodically formed hydrogen, the final product contains no impurity
needing removal, as happens with chemical reducing agents. If the
reduction of nitrobenzene to aniline be considered, the electrolytic
method furnishes directly a solution of an aniline salt with nothing
else present but excess of acid and some unchanged nitrobenzene,

! For many qualitative data, sce Kern, T'rans. Amer. Electrochem. Soc. 15, 441
(1909).

2 Zeitsch. Elektrochem. 12, 317 (1906).

# See pp. 209-219.
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whilst the chemical method means using large quantities of iron or tin,
the salts of which are found in the product.

A second advantage is that, whereas the formation of different
oxidised or reduced products from the same starting material needs a
different chemical oxidising or reducing agent every time, with electro-
lytic methods a whole series of different reactions may be effected by
variation of electrode potential and electrode material. The series of
reduced products of nitrobenzene, studied particularly by Haber and
by Elbs, are a striking example. Nitrobenzene (C,H,.NO,) can give
under different reducing conditions

nitrosobenzene CH, . NO
B phenyl-hydroxylamine C,H; . NH . OH

/O\
azoxybenzene CH; . N — N . CH;
azobenzene CH;. N =N.CH,
hydrazobenzene CH; . NH . NH . GH;
aniline CsH; . NH,.

Of these substances, no fewer than four — aniline, azoxybenzene,
azobenzene, and hydrazobenzene—can be prepared electrolytically with
excellent yields by suitable variation of temperature, cathode potential,
and alkalinity or acidity of electrolyte.

Electrolytic reductions can be divided into two classes :

(a) reductions consisting in an alteration of the charge on an ion—
such as Fe'" — Fe” + @ and MnO," — MnO," + @ ;

(b) reductions in which the hydrogen content of the reduced material
is increased or its oxygen content diminished.! Examples are—

NOy + 10H'—> NH,' + 3SH,0 + 8@
CH, . NO, + 6H' —> CH;NH, + 2H,0 + 6 ®.

Reversible reactions of the first kind have been fully discussed in
Chap. VIIT. Reduction—i.e. discharge of positive electricity—will
commence as soon as the electrode potential is lowered beneath the
equilibrium value for the solution. But in practice, at all but the
lowest current densities, polarisation effects are bound to enter. This
is due to exhaustion of the more highly oxidised ion, and to accumu-
lation of the reduced ion in the immediate neighbourhood of the
electrode, and to the slow rate of the diffusion processes which restore
equilibrium. In the case of Fe™ — Fe” 4 @, Fe™" ions must
diffuse to the electrode and Fe'* ions diffuse away. As these diffusions
cannot keep pace with the electrolytic process, the polarisation at
constant current increases.

1 For the theory of this type of electrolytic reduction, see particularly Haber,
Zeitsch. Phys. Chem. 32, 193 (1900); Haber and R. Russ. Zeitsch. Phys. Chem.
47, 257 (1904).
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Nor do reductions of the second type usually take place reversibly.
Here we must conceive of cathodic reduction as consisting of two super-
imposed processes, (@) discharge of H' ions to atomic hydrogen ; (b) re-
duction of the depolariser by the atomic hydrogen. (Gaseous mole-
cular hydrogen cannot reduce.) This depolarisation of H' ion discharge
by the material undergoing reduction prevents the hydrogen concentra-
tion in the electrode from reaching the value necessary for gas evolution
against atmospheric pressure. To the low concentration of hydrogen
corresponds a low electrolytic solution.pressure, and the cathodic
potential needed for the whole process is consequently less negative
than would be required for the discharge of gaseous hydrogen. Now
the velocity of the whole reaction depends essentially on the velocity
of the second process. When this can keep pace with the velocity of
the first process, the reduction will proceed reversibly. But when the
depolarisation by the substance to be reduced is slow, then the concen-
tration of hydrogen in the electrode rises, its electrolytic solution
pressure increases, and the cathodic potential necessary for the reaction
becomes more negative.

These differences manifest themselves in various forms of the
cathode-potential current curve. In Fig. 32 EGD represents the

. \ cathode-potential current curve
for reversible H' ion discharge,
which begins at the potential

Al B corresponding to G. If a de-
c¢/|p ‘H polariser be added which can

react very quickly, the cathodic-

potential current curve will now

Carrent.

P be EFA. The working cathode
G potential is less negative, and

Cathode Fotential. the curve still bends sharply at

Fre. 32. the point where decomposition

sets in. If the depolariser does
not act quickly, then the curves are of the type EFB or EFC. At
higher current densities particularly, the cathode potential needed
is more negative than it would be with a reversibly acting depolariser.
In some cases the curves B or C may cut the curve D. When that
happens, the potential needed for H' discharge is reached, and part
of the current will produce hydrogen gas. Not only will the voltage
necessary for the reduction be increased, but the current efficiency
will fall. The velocity of depolarisation is therefore all-important in
electrolytic reduction. There is no essential difference in this respect
between depolarising electrolytes (as HNO;) and non-electrolytes (as
nitrobenzene).
The effect of increase of current density on an electrolytic reduction
is always to increase the cathodic polarisation. Not only are more H'
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ions digcharged in a given time, but the layer of depolariser around the
electrode becomes largely depleted. Both causes increase the concen-
tration of gas in the electrode, and hence its electrolytic solution pressure.
Where the reduction is incomplete, the fraction of current used in
evolving hydrogen will also rise. An increase in concentration of the
depolariser will of course bring about more efficient depolarisation and
a less negative cathode potential. A rise in temperature, by increasing
the rates of diffusion of the depolariser and of its reaction with hydrogen,
will act similarly.

Catalytic Action of Cathode.—The effect of the cathode material
on the course of reduction is twofold. Firstly, different cathodes
catalyse the reaction between depolariser and hydrogen at very different
rates. The result is that the same reduction process can take place
with a far less negative cathode potential at some cathodes than at
others; or conversely, at the same cathode potential, the permissible
current density can vary widely. Nitrobenzene in acid solution is
far more easily reduced to aniline at a zinc than at a platinum cathode.
In alkaline solution, the reaction goes better at platinum or copper
than at iron, zinc, tin or lead. Chlorates are generally not capable of
electrolytic reduction, but with an iron cathode they go readily. Then
the physical condition of the metal surface is also significant. Nitrates
give ammonia at an ordinary smooth copper cathode, whilst at a
spongy copper electrode nitrites result. The influence of the electrode
material is well shown in the accompanying diagram® of cathode-
potential current curves for the reduction of a slightly alkaline
n. KNO, solution (Fig. 33). There is a great difference between the
potentials required in using platinised platinum and mercury cathodes,
the reaction between depolariser and hydrogen being catalysed far
more powerfully at the former electrode.

3
B . § 5 5
< ; ]
3 5 N
Q Ry _-/
Cathode Potential. Cathode Fotential.
Fic. 33. Fre. 34.

Overvoltage Action of Cathode.—The nature of the cathode
can also affect electrolytic reduction by increasing the polarisation
needed for H' ion discharge. In Fig. 34 let AB be the cathode-potential

1 Miiller.  Zeitsch. Anorg. Chem. 28, 1 (1901).
. E
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current curve for reversible hydrogen discharge, and the curve DE
the curve for the reduction process. It is obvious that if the electrode
used allows reversible H' ion discharge, then no reduced product will
be formed—all the current will give hydrogen. But if the hydrogen
overvoltage be at all considerable, then the H" ion discharge curve will
have the form AC, and at current densities above that corresponding
to F reduction, still accompanied by hydrogen evolution, will begin.
Similarly in Fig. 32, the curve C is represented as cutting the reversible
H' ion discharge curve D. If, however, hydrogen overvoltage comes
into consideration, the hydrogen curve will be represented by H, and
even at high current densities the yield of reduced material will be
nearly 100 per cent.

The use of such cathodes enables us to carry out reductions requir-
ing a very large cathodic polarisation. Tafel has been the chief worker
on the reduction of these very difficultly reducible substances, such
as pyridine and various alkaloids of the uric acid group. The best
electrodes are of course those at which the hydrogen overvoltage is
highest, e.g. Hg, Pb and Zn.* One point should be noticed. Although,
with complete reduction, temperature rise always acts favourably, with
incomplete reduction of difficultly reducible substances, made possible
by hydrogen overvoltage, the reverse may hold. A temperature rise
diminishes overvoltage and therefore facilitates hydrogen discharge.
If this effect overbalances the effect of increased rate of diffusion of
depolariser to electrode, the yield of reduced material will fall.

Catalysts in Electrolyte.—Finally, the velocity of reduction can
often be essentially increased by the addition of some catalyst to the
electrolyte. Titanium and vanadium salts are often active. Thus
quinone (C¢H,0,) can be readily reduced in acid solution to hydro-
quinone (CH,(OH),) in presence of titanium chloride, whereas
in absence of this salt the reduction stops at quinhydrone, C;H,0,,
C¢Hy(OH),. The mechanism of catalysis is here clear. The TiClyis
readily reduced cathodically to TiCl;; this salt, a powerful chemical
reducing agent, reacts rapidly with the depolariser present, being
reoxidised to TiCl, in the process, and the cycle continues.

B. Axopic ProcEssEs.

4, Discharge of Anions.

Oxygen Overvoltage.—The first anodic process to be considered is
the discharge of OH’ ions to oxygen gas—

20H’ —> H,0 4+ 30, +2O.
1 In such cases the clectrolyte must be free from all traces of salts of metals

which have a low hydrogen overvoltage and are also liable to be eathodically
precipitated. Otherwise no reduction may take place, only hydrogen evolution.
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This process is invariably accompanied by irreversible effects, and it
has not been found possible to directly measure the value of E.P.
Indeed the mechanism of the anodic formation of oxygen is probably
different from that expressed by the above equation. For example,
Grube ! has shown that the evolution of oxygen in 2n.H,S0, at a
platinised platinum electrode undoubtedly takes place through the
intermediate formation of PtO,. But it has been calculated with
certainty that the reversible potential of an oxygen electrode in equili-
brium with oxygen at atmospheric pressure is 1:23 volts more positive
than the potential of the hydrogen electrode in the same solution. In
a normal H° solution, the electrode potential will be --1:23 volt.
Similarly, knowing the OH’ concentration in such a solution?2 to be
056 x 10 ~1%, the potential in a normal OH’ solution, or E.P. for

10, + $H;,0 — OH’ + @,
can be calculated to be
4+ 123 -+ 0°058 log 056 x 10 ~1* — 4 0-404 volt

(all figures for room temperature).

In practice, the calculated equilibrium oxygen potential must
always be more or less exceeded before oxygen is discharged.®* This
question of oxygen overvoltage was first studied by Coehn and Osaka.*
Working by the anode decomposition potential method, and using
therefore exceedingly low current densities, they obtained the following
values :—

TABLE XXI

Electrode Overvoltage
Spongy nickel 0°05 volt
Nickel 012
Cobalt 0-13
Iron 0-24
Platinised platinum 024
Lead peroxide 0-28
Smooth platinum 044

Nobis,? using a rather higher current density, found the overvoltage
at graphite to be about 04 volt. Oxygen overvoltage, like that of
hydrogen, increases rapidly with the current density. It also does not
reach its maximum value at once, but after hours, and in some cases
(e.g. platinised platinum) days. The following Table XXII contains

1 Zeitsch. Elektrochem. 18, 621 (1910).

2 P. 117.

3 A very high overvoltage favours the production of the strongly oxidising
ozone which is often formed under those conditions.

4 Zeitsch. Anorg. Chem. 34, 86 (1903).

5 Dissertation (Dresden, 1909).
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figures calculated from the results of Foerster and Piguet,! working with
9n . KOH at 15° and with a current density of 0033 amp./cm.?

TABLE XXII

Electrode At start After two hours.
Nickel 0-38 volt 0-56 volt
Iron 0:50 059
Platinised platinum 0-44 086
Smooth platinum 0-84 1-46

<~

Finally, the overvoltage diminishes very considerably with rise of
temperature.

It is clear that, when hydrogen and oxygen are liberated by the
electrolysis of dilute acid and alkali, very different voltages may he
needed under different circumstances, depending on electrolyte, tem-
perature, electrode materials, time after commencement of electrolysis,
rate of circulation of electrolyte, etc. With a low current density, e.g. 0-01
amp./cm.?, a platinised platinum cathode, a nickel anode, and good
circulation, the voltage needed soon after the commencement of ‘elec-
trolysis will consist of the reversible decomposition voltage 1-23 volts,
the cathode overvoltage (say 0°03 volt), the anode overvoltage (say 0:25
volt), and the voltage for overcoming the resistance of the electro-
lyte (perhaps 0°05 volt), a total of 1-56 volts. Whilst with a mercury
cathode, a polished platinum anode, and a high current density (0-1
amp./cm.?) the voltage after some hours will amount to 123 volts, plus
cathode overvoltage 1:30 volts, plus anode overvoltage about 2 volts,
plus the electrolyte voltage about 05 volt, plus any amount due to
concentration polarisation. This makes a minimum of 5 volts.?

Halogen Ion Discharge.—Besides oxygen, the discharge of Cl’ and
Br’ ions to the free halogens usually necessitates a certain over-
voltage. This question has been studied by Miiller,® by Boericke,* and
by Foerster and Yamasaki.® They found that, at platinised platinum
electrodes, all the three halogens—Cl;, Br,, and I,—are precipitated
very nearly reversibly, provided that the electrodes remain free from
oxygen. But at smooth platinum electrodes this was only true with
iodine. Bromine required an overvoltage of about 0:33 volt, chlorine
07 volt, the current density in both cases being 0'017 amp./cm.2.
These were the final values reached after continued electrolysis, for,
like hydrogen and oxygen, chlorine overvoltage is at first low, and
gradually rises to a maximum constant value. Increased temperature

1 Zeitsch. Elektrochem. 10, 714 (1904).

2 For the technical production of hydrogen and oxygen by electrolysis, see
p. 386.

3 Zeitsch. Elektrochem. 8, 573 (1900); 8, 426 (1902).

4 Zeitsch. Elektrochem. 11, 57 (1905).

5 Zeitach, Elektrochem. 18, 321 (1910),
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effects a big diminution. Thus Sacerdoti,' working with platinum
electrodes at 0°06 amp./cm.?, found the overvoltage to decrease from
07 volt to 0°2 volt on raising the temperature from 21° to 100°.

Theories of Overvoltage.—The cause of these complex overvoltage
phenomena has long been the subject of investigation and discussion,
and is still not finally settled. Haber? postulates the adsorption or
occlusion of a layer of gas at the electrode—electrolyte surface. This
film of poor conductivity increases the potential gradient to be
overcome by ions passing from electrolyte to electrode, and as its
thickness depends on the nature of the electrode material, the differences
observed with different electrodes are explained.

According to Nernst,® overvoltage is essentially due to the low rate
at which an electrode saturated with gas gets into equilibrium with
the atmosphere. For bubble formation, a certain minimum gas con-
centration in or at the surface of the electrode is required. If the
electrode be of a material with a very low solvent power for the gas,
before the minimum concentration is reached it will have become
saturated with gas at atmospheric pressure. The further quantity of
gas needed to produce bubbles corresponds to a supersaturation of
the electrode and to an increase in the electrolytic solution pressure.
Overvoltage is then an increase in the electrode polarisation, due to an
increase in electrolytic solution pressure, caused in turn by the slow
rate at which the electrode, charged with gas, gets into equilibrium with
the atmosphere. Lately Moller * has modified these conceptions as the
result of a research in which he showed that overvoltage and surface
tension at the electrode-electrolyte surface run parallel. He takes the
view that the immediate cause of the former is the energy necessary to
produce, between electrode and electrolyte, a gas film of sufficient
thickness to give bubbles.

Foerster® has experimented in a different direction. He showed
that oxygen evolution at a platinised platinum anode undoubtedly has,
as an intermediate stage, the formation in the metal of a solid solution
of an unstable oxide® of platinum, which subsequently decomposes.
In the pure state this oxide would give a very high anodic potential.
Its solid solutions in platinum have anodic potentials the more positive
the greater the oxide concentration. The longer electrolysis con-
tinues, the greater this concentration becomes, and therefore the higher
the anode potential. The solid solution finally decomposes as quickly
as it is formed by OH’ ion discharge, and the electrode assumes a

1 Zeitsch. Elektrochem. 17, 473 (1911).

2 Zeitsch. Elektrochem. 8, 539 (1902). Also Haber and R. Russ, Zeitsch.
Phys. Chem. 47, 257 (1904).

3 Theoretische Chemie (4th edition), p. 714 (1903).

4 Zeitsch. Phys. Chem. 85, 226 (1909).

* Zeitsch. Phys. Chem. 69, 236 (1909) ; Zeitsch. Elektrockem. 16, 353 (1910).

% Identified by Grube with PtO,.
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eonstant potential value. This accounts for the frequent rise of over-
voltage after the commencement of electrolysis. Its dependence
on current density can also be explained. As the final concentration
is determined by the amounts of oxide formed and decomposed in
the same time being equal, it is clear that a higher current density, and
therefore a greater rate of formation of the oxide, must mean a higher
final concentration, and hence a higher anode potential.

Foerster supposes these relations to hold generally for oxygen over-
voltage, an intermediate unstable superoxide being always formed. If
this decomposes very quickly, as with nickel, where the production of
NiQ,is assumed, then the final concentration of the oxide solid solution
and the overvoltage will be low. Experimental evidence is difficult
to obtain, but it exists with nickel, as with platinum.! Further, anodic
oxygen, discharged at graphite, produces a certain amount of an insoluble
substance of strong oxidising properties, which readily evolves oxygen
and is probably a higher oxide of carbon.? Applied to H' discharge,
one must imagine produced a solid solution of hydrogen in the metal,
and gaseous hydrogen indirectly evolved through this. In the case
of chlorine, Luther and Brislee® and Pfleiderert had before suggested that
there is some unknown anodic product intermediate between Cl” ion
and Cl, gas, whose slow rate of decomposition determines the over-
voltage.

To sum up, the discharge of H*, OH’, or halogen ions very probably
first results in the formation of some compound or solution between
electrode material and precipitated substance, and the concentration
of the gas thus dissolved in some form in the electrode material deter-
mines the anode potential. This gas concentration itself depends on a
number of factors—viz. the rate of decomposition of the same solid
solution, current density, time, and the surface tension relations
between electrode, electrolyte, and gas.

Depolarisation of Halogens. — The overvoltage increases the
polarisation necessary for the discharge of the halogen ions. But
the discharge of Br’ and I’ jons is also to some extent depolarised in
strong solutions, owing to the tendency to form complexes such as
Bry and I,"; and all the halogens will be depolarised to a greater or
less extent by any OH’ ions present, whether furnished by water or
alkali.®

Of the discharge of other anions— S0,”, NO,, ete.—little or nothing
is with certainty known, not even whether the anodic oxygen evolved
during the electrolysis of a salt containing such ions must always

! See also the interesting results of Joost, Dissertation (Dresden, 1910).
2 Joost, loc. cit. Also Nobis, Dissertation (Dresden, 1909).

3 Zeitsch. Phys. Chem. 45, 216 (1903).

4 Zeitsch. Phys. Chem. 68, 49 (1902).

5 Pp. 319-320.
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be ascribed to the primary discharge of OH’ ions, and not perhaps to
the discharge of the anion present, followed by interaction with water
and secondary oxygen evolution. For example :—

(a) 80, — 80, +26O
®) 80, + H,0 — H,80, + 10,.

The chemical result is the same, and as the phenomena observed
can be explained satisfactorily on the assumption of OH’ ion discharge,
we will not further consider pros and cons.

5. Solution of Metals

The next type of anodic process is the behaviour of metallic anodes.
We can, conveniently for our purpose, divide anodic processes in which
metals take part into three classes :—

(a) the metal completely and easily enters solution ;

(b) owing to reaction resistances, the solution of the metal is partly,
sometimes wholly, stopped ;

(c) the metal does not dissolve, and some other anodic reaction
takes place.

We will first discuss the case of a pure metal which completely
dissolves. If it can only furnish one kind of ion the process is a very
simple one. Reversible solution, when possible, will commence when the
anode potential exceeds the equilibrium value for the electrolyte. But
in general the anode potential will be higher than the reversible value,
owing to concentration polarisation. Even with a well-circulated
electrolyte the metallic ion concentration in the layer immediately
surrounding a dissolving anode is bound to be greater than in the bulk
of the electrolyte, and the anodic potential necessary for solution is
thereby raised.

Influence of Physical Condition of Metal.—The electrolytic poten-
tial of a metal depends to some extent on its mode of preparation
and its previous thermal and mechanical treatment. Generally
speaking, if it has been cast and rapidly cooled, it is not in a stable state
at room temperature, and will tend more strongly to enter the ionic
condition than the stable form does. Mechanical working will tend to
remove this instability, and an anode of wrought metal will have a
nobler potential than one of cast metal.

Finally, an electro-deposited metal will have the noblest single-
potential value, as it is usually deposited in the stable condition, though
there are certainly marked exceptions. It follows that a cast anode
dissolves most easily, and least so an electro deposited one. On the
other hand, an electro-deposited one dissolves most evenly. A cast or
wrought anode, particularly the latter, has local differences in structure,
with corresponding slight differences in electrolytic potential. The
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more easily dissolved parts of the anode will enter solution first, and -
often the undissolved particles will fall off and escape solution alto-
gether This is one of the causes which produce anode ¢ slimes.’

Metals giving more than one Cation.—When a metal can furnish
two or more kinds of ions in aqueous solution, the conditions corre-
spond to the cathodic relations discussed on pp. 122-123. The anode
will always tend to dissolve so that the different ions are produced
in the electrolyte in equilibrium amounts—thus, with copper, a great
excess of Cu™ ions ; withiron, Fe ions. With a verylow current density
this will actually happen; butif it be high, reaction resistances may cause
one ion to be furnished in unduly preponderating amount. When,
moreover, the formation of one ion is powerfully depolarised by some
constituent of the electrolyte and is thus continuously removed from the
solution, the metal will apparently dissolve as if its own valency were
that of the ion in question. The tendency for Cu" ions to form com-
plexes with CI’ and CN’ ions being much greater than that of Cu’ ions,?
a copper anode in a cyanide or chloride solution dissolves as a mono-
valent metal, the copper practically entirely going into the complex
form.

The possibility of the formation of more than one kind of ion is
another cause of the production of anode ‘ slimes.” The concentrated
layer of electrolyte near the dissolving anode may be in equilibrium
with the electrode, but when it mixes with the bulk of the solution of
different concentration, one ion will be present in excess. If this be
the one of lower valency, it will break up as follows : 2Cu’ —> Cu" +- Cu
(taking copper as an example), and metallic powder will be precipitated
near the anode.?

Alloys.—Very important practlcally is the question of the
anodic solution of alloys, which we meet in electrolytic metal refining.
The anodic behaviour of alloys is governed by the same principles which
determine their cathodic deposition, or the depolarisation of the dis-
charge of a metal ion by the material of the cathode.* The equilibrium
potential of an electrode determines how it will dissolve, and the
potential, in turn, depends on how the different constituents of the
electrode are combined together. Consider the alloy (a binary one for
simplicity) as electrode in some solution which does not react on it
chemically. Then, if the alloy contains any appreciable quantity of its
more electropositive constituent as a pure independent phase, uncom-
bined with the other constituent either as compound or as solid solution,
the potential of the alloy will be the potential of this metal. If the alloy
consists of a solid solution of the two metals, it will have a potential
somewhere between those of its pure constituents. If the alloy consists

! In an anode which has been worked in some way, the surface layer dissolves
less readily than the parts underneath.

2 See p. 123. 3 Cf. pp. 248, 272. 4 See p. 121.
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of pure compound without excess of either constituent, its potential
will probably lie between those of the two metals, but can, however,
exceed the potential of either of them. If a mixture of solid solution
and compound, then the potential is that of the more electropositive
of these.

Figs. 35 and 36 illustrate these cases. The zero of potential is always
taken as the potential of the more electropositive constituent of the
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alloy when in the same electrolyte. In curve I* we have the potentials
of tin-copper mixtures (bronzes) of different compositions. Up to
66 per cent. Cu (atomic) the potential is practically that of pure tin.
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Then there is a sharp rise of 004 volt to the potential of the compound,
whose composition, Cu,Sn, is given by the value of the corresponding

abscissa.
A second rise up to a potential difference of nearly 05 volt corresponds

to a second compound, CuySn, which has practically the same potential,
! Puschin, Zeitsch. Anorg. Chem. 56, 1 (1907).
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against the electrolyte as copper itself. In the cadmium-copper curve?
(IT), we observe a horizontal line denoting the presence of a compound,
which, as the line commences at 33 per cent. Cu (atomic), has evidently
the composition Cd,Cu. The two sloping curves denote the potentials
of solid solutions of Cd and Cd,Cu and of Cd,Cu and Cu; whilst the
horizontal line up to 20 per cent. Cu means that alloys with less copper
than this amount will give the potential of pure Cd. Curve III* shows
that Sn-Bi mixtures contain no compounds, and only form one set of
solid solutions within very narrow concentration limits. Their potential
up to 90 per cent. of Bi is that of pure tin. Curve IV 2 finally indicates
that Cu and Ag mix in all proportions, giving one series of solid solu-
tions, of which the potentials vary continuously between those of
the pure metals.

Let us now consider what will happen on reversible anodic solution
of some of these alloys.

(@) If the alloy be 50 per cent. Sn : 50 per cent. Cu (atomic per cent.),
it will consist of a mixture of pure tin and of the compound Cu,Sn (with
perhaps some CusSn). If anodically polarised, it will dissolve when the
potential has been raised to the equilibrium value for pure tin in the
same solution. Tin will dissolve, leaving the compound behind.
When all the free tin has entered solution, the anode potential must be
increased. If the compound left behind be Cu,Sn it may be possible to
dissolve out the tin, leaving behind the copper. But if CusSn be also
present, it is evident from the diagram that solution of copper will
take place just as easily and the compound will dissolve as a whole.

(b) Alloy is 60 per cent. Cu : 40 per cent. Cd (a’omic per cent.), a
mixture of the compound Cd,Cu and of either pure copper or else a
solid solution of Cd,Cu and Cu. It will not dissolve until the anodic
potential is raised 0-25 volt above that of a cadmium anode. Then
cadmium will dissolve out of the compound, leaving behind copper.
(If the current density be too high, copper will also to some extent enter
the solution.) When the compound has been entirely decomposed the
potential must be further increased, when copper will dissolve.

(¢) Sn-Bi alloy with 3 per cent. Bi (atomic). It will consist of pure
tin with a small quantity of a Sn-Bi solid solution, containing a large
excess of Bi. It will dissolve readily, pure tin entering solution.
When all this has disappeared, the tin-bismuth alloy will dissolve as a
whole, necessitating increased polarisation.

(d) A copper-silver alloy of any composition, except perhaps very
extreme values. It will completely enter solution, needing a higher
anode potential the bigger the silver content.

We see that complete separation of the constituents of an alloy in

! Puschin, loc. cit.
° Puschin, loc. cit.
¥ Herschkowitsch, Zeitsch. Phys. Chem. 2%, 123 (1898).
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this way is not often possible. Pure material may dissolve, but a solid
solution or a compound will generally be left behind. Further, in
technical work there are other considerations. Firstly, the necessity
- of using fairly high current densities. This means that the anode poten-
tial must somewhat exceed its equilibrium value, and that therefore
constituents may dissolve which otherwise would not do so. Still
more important is the fact that a coating of undissolved metal may
form on the electrode, hinder the solution of the right constituent,
and itself dissolve. In this connection the structure of the alloy will
be of importance. If the undissolved crystals readily fall away from
the anode, these disturbances will be eliminated. Other points to be
noticed are that the crude anodes used technically have generally only
a few per cents. of impurities, commonly consisting of small quantities
of a large number of metals, not of one metal only. Both these cir-
cumstances favour efficient electrolytic refining. A solid solution
composed of many constituents will dissolve less readily than one
containing two or three only.

Passivity.—We must now discuss the behaviour of metallic
anodes which dissolve parily or not at all when current passes. Some-
times this behaviour is caused by another anode reaction—e.g. the
discharge of an anion, setting in at a lower reversible anodic potential.
But generally this is not so. The non-solution or partial solution of a
metallic anode is commonly bound up with the phenomena of passivity.
If a piece of chromium or iron with a fresh active metallic surface be
dipped into strong HNO;, no action takes place. When subsequently
washed and dipped into cold dilute H,SO, or a CuSO, solution, no
hydrogen is evolved or copper precipitated, as would have happened
in the absence of the treatment with HNO;. In a solution of one of its
salts it has the same potential as an indifferent electrode, such as
platinum. No change in weight or difference in appearance is per-
ceptible. These metals behave in fact like noble metals, far more
electronegative in character than ordinary iron and chromium. They
are said to have become passive, the passivity being produced by the
action of the strong nitric acid.

This chemical passivity has its analogy in electrochemical passivity,
a metal being termed passive when it behaves electromotively as a
nobler metal than it really is—thus, when it requires an anodic polarisa-
tion exceeding the equilibrium value before it will enter solution, the
excess polarisation often sufficing to cause another process to com-
mence. Examples are abundant. Platinum under most conditions,
gold in KCy or in AuCl;, chromium in alkaline solutions, nickel in
Na,S0,4 solution, iron in dilute H,SO,, all more or less show the
phenomena.

The cause in every case is the low velocity of the corresponding
electrode reaction. In order that this may proceed at a convenient,
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oreven at a measurable, rate, the anodic polarisation must be increased -
beyond the equilibrium value. Passivity can manifest itself in several -
ways. Sometimes the metal dissolves, not as it would at the equili- |
brium potential, but as a more strongly ozidising ion, corresponding
to the higher anodic polarisation. The best known example is
chromium.! Normally it should dissolve as the ion Cr™, analogous to
Fo. But if anodically polarised in an alkaline solution, it does
not dissolve till a potential &, = -+ 0:62 volt is reached, and then
as hexa-valent ions Cr™* These immediately react with the
alkali,

Creee -+ 8OH’ — CrO,” 4- 4H,O0,

the final result being an alkaline chromate. But generally, as the
anodic current density (and anodic potential) is raised, the fraction of
the current carried by metal ions entering the electrolyte decreases,
anions are discharged, and finally the metal may entirely cease to
dissolve, the current being completely employed in discharging anions.
Thus at a gold electrode in AuCl;, chlorine gas is evolved, and at a nickel
anode in caustic alkali, or at an iron anode in an alkaline sulphate,
oxygen. The higher the current density, the greater the passivity, as
measured by the fraction of the current carried by the anions leaving
the electrolyte.

The nature of the anion exerts much influence on passivity pheno-
mena. Generally, the ions of acids which are also strong oxidising
agents favour passivity—for example ClO," and NO,’. Cl'and Br’ ions
tend to removeit.? The action of other ions is intermediate. Of cations,
the H' ion always acts against passivity, whilst others have little or no
effect. An increase of temperature always tends to destroy passivity.
As its cause lies in slow reaction velocities, this fact is natural. Cathodic
polarisation acts similarly. Passive iron which has been cathodically
polarised is rendered active. The passive state of a metal is not a
permanent one. Iron which has been passivated by anodic polarisation
will, after some time, dissolve in dilute acids. The single potential of
chromium which has been similarly treated becomes more and more
negative on standing, the metal gradually losing its passivity and
acquired noble nature. On the other hand a fresh (and therefore active)
surface of iron exposed to dry air, though unaltered in appearance,
becomes to a certain extent passive, as shown by its potential against
an electrolyte.

Theories of Passivity.—The cause of passivity is not yet
certainly known. It is now generally accepted that a reaction resist-
ance of some kind to the reversible anodic process is concerned, but

! Hittorf, Zeitsch. Elektrochem. 4, 482 (1898) ; 6, 6 (1899) ; 7, 168 (1900).
2 For the case of gold in AuCly, see p. 271.



B.] ANODIC PROCESSES 141

its precise nature remains in dispute. It may vary in different cases.
The following explanations have been suggested :—

(1) Slow rate of ionisation of the anode metal : e.g. of the reaction

Ni + 2@ — Ni” (Le Blane).

(2) Slow rate of combination of discharged anion and material of anode,
with action consequently taking place between the former and water.

E.yq. 50,” — 80s + 20
S0, + Ni —— NiSO, (slow reaction).
80, + H,0 —HSO0, + }0,.

(3) Discharge of anions which react with water giving oxygen.
Then a slow combination of the atomic oxygen and the anode material to
an oxide (subsequently dissolved by the electrolyte) and consequent
accumulation of an oxygen layer on the electrode surface.

Eg. S0 — S04 + 2.
80 + H.0 — H,S0, + O.
Ni + O — N0 (slow reaction).

NiO + H,SO, — NiSO, + H,O (Fredenhagen : Muthmann
and Frauenberger).

(4) Formation of an oxide or other insoluble compound on the
anode. Its removal by decomposition or by diffusion is slow, and as it
coats the electrode and hinders ions entering the solution, the potential
rises and anions are discharged. (Faraday; Haber and pupils). The
insoluble coating may be sometimes formed by discharge of anions, and
sometimes by metal ions entering the solution, reacting there with
anions present, and forming a precipitate on the electrode.

(5) Sackur assumes every metal anode to contain a certain amount
of dissolved hydrogen formed by chemical reaction with the H' ions
in the electrolyte, its concentration (pressure) corresponding to the
equilibrium expressed by the equation (for a bi-valent metal)

Me+2H > H,+ Me™.

The primary anodic process consists in the discharge of anions.
The resulting halogen or oxygen combines with the hydrogen dissolved
in the electrode, giving water or a halogen acid. To maintain equili-
brium, the above reaction must then proceed from left to right, with
formation of fresh hydrogen and dissolving of fresh metal. The anodic
solution of metals is consequently a chemical process. Passivity results
from a slow rate of combination of hydrogen with the gas discharged
from the electrolyte, a layer of the latter, usually oxygen, accumulating
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on the electrode. The immediate cause is therefore identical
with (3).
Eg. Ni +2H" — Ni" + H,
80,/ — 80, + 20.
80, + H,0 — H,80, + O.
H; 4+ O — H,0 (slow reaction).

It follows that those metals should most readily become passive
which do not catalyse the combination of hydrogen and oxygen to
water. Sackur, in fact, showed that there is some kind of parallelism
between these two properties. Thus Ni, Fe, and Cr all catalyse the
velocity of this reaction very slightly only.

(6) Foerster, from experiments on iron, assumes with Le Blanc the
slow reaction to be vonisation of the metal: e.q. Ni + 2 @ — Ni".
He has shown® the converse process (metal deposition) to be retarded,
and it follows directly that the ionisation should then also suffer
retardation. He goes further and assumes that the pure metal in
these cases is passive, and only becomes active when charged with
hydrogen. On these lines he accounts satisfactorily for the effects of
cathodic polarisation, content of hydrogen, standing in air, oxidising
agents, degree of fineness of division, ete.

We have no space here to consider the experimental evidence for
and against these different theories.? The actual mechanism of
passivity possibly varies in different cases. Where an insoluble film of
salt or oxide can actually be seen on the anode, that explanation is
probably the correct one. But even then we can suppose with Foerster
that such films are often the effect, rather than the cause, of passivity.
The views of Foerster® or of Sackur* perhaps most nearly approach
the actual truth. Sackur of course assumes the primary anodic process
to consist of anionic discharge, never of cations entering the solution,
the latter being the view taken throughout this book.

Aluminium Rectifier.—One remarkable case of passivity un-
doubtedly due to a film of insoluble solid is furnished by aluminium.
If an aluminium electrode be made anode in certain electrolytes,
current passes for an instant, but immediately drops to zero. The
passage of more current now demands a very high anodic polarisation,
depending on the temperature and nature of the electrolyte. With a
strongly acid solution it may amount to 27 volts. With cooled elec-
trodes in very dilute AmHB,0O; it may reach 600 volts. When the

! See p. 121.

2 For an excellent ecritical review of the subject, see Grave, Jahrd,
Radio. 8, 91 (1911).

3 Abhand. Bunsen Ges. 2, 20 (1909).

4 Zeitsch, Blektrochem. 10, 841, 929 (1904) ; 12, 637 (1906) ; 14, 607 (1908).
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current does pass the process is of course a violent one, arcing and
boiling taking place. The cause of this behaviour is the formation
on the surface of the electrode of a thin compact film of basic salt or
hydroxide, impervious to A" or SO4” ions, and to many other anions.
H' ions can pass through, and hence such a coated electrode will act as
a cathode. Cl’, Br’, and NO;’ ions can also pass through, and therefore
the electrode can function as anode in solutions containing these ions.

The work of G. Schultze* renders it very probable that a gas-layer
underneath the layer of basic salt or hydroxide plays a part in the
phenomenon. But that the layer of solid also is effective was shown
by Taylor and Inglis,” who found that a platinum plate coated with

a

L4

A, Source of alternating current.
a, Aluminium electrodes.

¢, carbon electrodes.

F, external circuit.

Fig. 37.—Aluminium Electrolytic Rectifier.

Al(OH),; acted similarly. The phenomenon is not peculiar to Al; Bi,
Ta, and Cb in particular exhibit it in very dilute alkaline solutions. It
has been proposed to use such a cell as a high voltage safety fuse, and
also to apply it to the problem of converting alternating into direct
current. For this purpose the arrangement is shown in Fig. 37. The
four cells, containing each an aluminium and a carbon electrode, are so
connected with a source of alternating current that electricity of one
sign only is continually fed into the arm B, and electricity of the
opposite sign into the arm C. If the external circuit be now joined to
B and C, direct current will flow through it. In the arrangement as
shown, positive electricity only can pass from A through cells 2 and 3
into B, negative electricity only through cells 1 and 4 into C. In the
external circuit F there will be a positive current flowing from B to C.
Th energy efficiency of the arrangement, however, only averages 60
per cent.

One other important case of anodic passivity, that of hydrogen, will
be met with later.?

! Zeitsch. Elektrochem. 14, 333 (1908).

2 Philos. Mag. [6], 5, 301 (1903).
3 Pp. 213, 217, 219.
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6. Electrolytic Oxidation

This is the last class of anodic processes to be considered. Much
already said about electrolytic reduction applies here, and we need go
into no very great detail. Anodic oxidation processes can be divided
into three classes :—

(a) Processes involving a decrease in the number of negative charges
or an increase in the number of positive charges on an ion.

Eg. Cu' +@— Cu~
Fe" 4+ @ — Fe~
MnOy + @ —- MnOy".

(b) Processes resulting in the polymerisation of anions.
Eyg. 280" — 8,0, + 2 O
(persulphate).
2C04" — C,0" 42 ©

(percarbonate).

(¢) Processes during which the oxygen content of a substance
increases or its hydrogen content diminishes.

Eg. NH, + 70H’ —> NO,’ + 5H,0 + 6 ©
H.COOH + 20H’ — €0, 4 2H,0 + 2 O.

We know that reversible oxidation, if possible, commences in every
case when the anodic potential has been raised above the equilibrium
value for the given system. Oxidations of the first type, apart from
concentration polarisation due to depletion of the less oxidising ion
near the anode, proceed nearly reversibly. The same general statement
holds of processes of the second kind. But in class (c), reaction resist-
ances are very often met with. We can suppose OH’ ions to be first
discharged to oxygen, and the oxygen to oxidise the reducing agent
present. It is this depolarisation which is subject to the reaction
resistances, considerable with most organic depolarisers. Their presence
necessitates an increased driving force if the electrode reaction is to
proceed at anything above a very low rate (current density). Now,
as the reversible potentials at which many of these oxidations begin are
very near the potential required for the discharge of free oxygen at
the electrode—generally far nearer than the corresponding potentials
in electrolytic reduction are to the potential of hydrogen discharge—
it often happens under such conditions that this potential is reached,
oxygen is evolved, and the yield of oxidised product falls below 100
per cent. When once this has happened the anodic polarisation
slowly increases, owing to the gradually rising oxygen overvoltage.!

AT
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Finally, such high oxidising potentials are often reached that the depo-
lariser, if an organic substance, is oxidised much more vigorously than
is intended, and a low yield of the product sought after results. For
| this reason electrolytic oxidation is far less used than might be
supposed, both in the laboratory and technically.

Changes of current density, temperature, and concentration act
as in cathodic reduction. A high concentration of depolariser opposes
concentration polarisation and keeps down the anode potential, whilst
a high current density has the opposite effect. A rise in temperature
increases the velocity of diffusion of the depolariser to the electrode,
and is therefore favourable (if the oxidation is complete). The influence
of the OH’ concentration is twofold. TFirstly, it determines the potential
at which oxygen evolution can begin. This is necessarily much higher
in acid solution, and the oxidation of difficultly oxidisable substances
is consequently best carried out in an acid electrolyte. Secondly, it

' may actually alter the nature of the substance submitted to oxidation.

If this be an acid, and the anolyte be made alkaline, we shall be dealing
with the anion of the acid ; but if the anolyte be acidified with a strong
mineral acid, the depolarising acid, if not a strong acid, will largely
be present as undissociated molecules ; and the results of oxidising anion
and free undissociated acid can sometimes be quite different.

Overvoltage Effect of Electrode.—The nature of the electrode
material is very important. As in cathodic reduction, it can act in
two ways, one in virtue of its oxygen overvoltage, the other depending
on its catalytic influence on the reaction between oxygen and depolariser.
We have seen that the oxygen overvoltage at nickel and iron anodes is
somewhat less than at a platinised platinum anode, and considerably
less than that necessary at smooth platinum. Dealing therefore with a
substance that is only oxidised with difficulty at a very high anodic
potential, it is best to use a smooth platinum anode and a high current
density which invariably increases the overvoltage of oxygen dis-
charge. But if, on the contrary, an oxidation takes place with a cur-
rent efficiency of less than 100 per cent. (z.e. with the accompaniment of
oxygen evolution), and if the materials present are readily still further
oxidised, such a metal as nickel or iron should be used as anode. It
must be remembered that, as the full oxygen overvoltage does not
set in immediately, a reaction may progress after a lapse of time
differently from the way it did at the start.

The influence of an increase of temperature on an electrolytic
oxidation when oxygen is being simultaneously evolved can vary. It
acts favourably by increasing the velocity of diffusion of the
depolariser. But it also lowers the oxygen overvoltage, and thus
facilitates the discharge of oxygen. According as one or the other
of these two effects predominates, it will be better to work at a high
or a low' temperature.

L
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Catalytic Effect of Electrode.—This may affect the working
electrode potential, just as in electrolytic reduction. A good example
is the oxidation of iodic acid (HIOs) to periodic acid (HIO,).* With a
current density of 00375 amp./cm.? the reaction takes place with a
100 per cent. current efficiency at an anode of PbO,, and with a 1 per
cent. current efficiency at a smooth platinum anode. The reason is that,
using PbO,, the depolarisation is so rapid that the anode potential
is kept some 02 volt below the value necessary for oxygen evolution,
whilst with platinum the reaction is catalysed very slightly, and the
potential consequently reaches a figure at which oxygen is liberated.
PbO, is often found to have a similar action in other cases. For
example, the electrolytic oxidation of Cr"” ions.to CrO,” ioms also
takes place far more readily at PbO, than at Pt anodes.? It is highly
probable, as Haber suggests,® that not only at PbO, but also at electrodes
of platinum, nickel, etc., it is a superficial coating of oxide, continually
regenerated by the current, which does the oxidising, and not oxygen
at all.*

Catalysts in Electrolyte.—Not only the material of the clec-
trode, but also additions to the electrolyte, can act as catalysts in
anodic oxidations. Some of these oxygen carriers are very important.
Cerous sulphate, Ce,(SO,);, is an example. This salt can be readily
anodically oxidised to ceric sulphate, Ce(SOy),, a powerful oxidising
agent which reacts rapidly with many organic substances, converting
them smoothly and quantitatively into single oxidation products. If
therefore a suitable organic substance be added as depolariser to the
anolyte, together with some Ce,(SOy);, on passsing a current, the latter
will be oxidised to Ce(SO,),, which will then react with the organic
depolariser, regenerating cerous sulphate. This will be reoxidised,
the result of the whole operation being the quantitative oxidation of
the organic substance.® If carried out without the addition of the
oxygen carrier, the oxidation would probably have proceeded much
less smoothly in every way, owing to reaction resistances.® The mode
of action of the catalyst in this case is perfectly clear. But sometimes
this is not so. Thus the oxidation of Cr™" ions to CrO,” ions is strongly
catalysed by small quantities of various salts "—e.g. Na,HPO,, KT, etc. ;
the presence of chlorides or fluorides facilitates the formation of H,S,0

! Miiller and Friedberger, Ber. 85, 2655 (1902); Miller, Zeitsch. Elektrochem.
10, 61 (1904).

? Miiller and Soller, Zeitsch. Elektrochem. 11, 863 (1905).

* Die Elektrolytischen Prozesse der Organischen Chemie (Moser), p. 59 (1910).

4 Cf. the considerations on pp. 133-134.

* Cf. p. 130.

¢ See also p. 145.

7 Schmiedt, Dissertation (Charlottenburg, 1909).






CHAPTER XI

THE ELECTROLYSIS BATH

General.—A technical electrolysis bath may take up to six
volts between anode and cathode when working, seldom more.! As
current is usually supplied by direct current machines at least 150-200
volts, a number of electrolysis tanks are generally connected in series,
the same current being passed through each. Thus, a 1,000 K.W.
500-volt generator furnishes 2000 amperes. If cells could be con-
veniently designed to carry this current, each with its leads absorbing
five volts, the arrangement would simply consist of one hundred baths
in series with one another and with the dynamo. The disadvantage
of this is that a mishap in one of the cells means a stoppage of the whole
plant unless special means are taken to avoid it (movable shunt leads,
ete.).

The remedy is to use a dynamo of lower voltage, but higher amperage,
and to arrange the cells in two or more shorter series, in parallel with one
another. This, however, means more expensive generating plant. The
amount of current a single unit will take depends on the nature of the
electrolysis, on considerations of convenience of size, on the efficiency
of circulation required, on the working temperature, on the first cost,
repairs, labour charges, etc. If the current density used is high, the
current carried by a cell of convenient standard size will of course
be greater. If the working temperature is to be kept low, a unit
with relatively great cooling surface—that is, one of small size—
will be advantageous, and wvice versd. If exceptionally good circula-
tion of the electrolyte is needed, then again the units should be
small, necessitating frequent changes in the direction of flow of the
solution.

Arrangement of Electrodes,—With a bath carrying a large
current, the use of one anode and one cathode only would mean the
employment of a tank and electrodes of inconvenient size and shape.
Hence, unless the conditions of electrolysis preclude it, it is customary
to have a large number of smaller anodes connected in parallel, alter-

1 A perchlorate bath may take seven volts, etc. See p. 402,
148
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nating with a large number of smaller cathodes similarly connected.
In this way the necessary electrode surface is obtained, and the elec-
trolysis vat can be constructed in a convenient rectangular form
(Fig. 38). It sometimes® happens that, instead of connecting many

T

F1c. 38.—Paralleled Electrodes.

low voltage tanks in series, it is convenient for the total fall of potential
to occur in the one tank. In that case the electrodes are so arranged that
one side of each acts as anode and the other side as cathode to the
cathode and anode sides respectively of its two neighbours (Fig. 39).

----------- 1}

Fia. 39.—B-Pola,r Electrodes.

A complete electrolysis process, absorbing the voltage of an ordinary
vat, will then take place between every pair of plates. Such electrodes
are termed bi-polar electrodes.

Bath Voltage.—The voltage drop across an electrolytic bath is
determined by—

(@) the reversible decomposition potentials at the two electrodes,

(b) irreversible effects at the two electrodes,

(¢) the product IXR, where R is the liquid resistance of the bath,

(d) the voltage drop at the diaphragms (if any) used to separate
anolyte and catholyte, and

() the voltage drop in the leads and terminals, depending on the
resistance of their material, and on the efficiency of the electrical
contacts made.

Current density and temperature are of importance in determining

1 See pp. 258, 327-333,¥340, 387, 392.
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these magnitudes. (a) is independent of current density, and usually
decreases with rise of temperature. So does (b) (the result of concentra-
tion polarisation, passivity, overvoltage, etc.), whilst a heavy current
density increases it. (c) and (d) both vary directly as the current, and
are less at high temperatures. (e) will increase with the current density,
whilst small rises of temperature will have but little effect (larger ones
will appreciably increase it). Generally then, from the point of view
of voltage, a bath is most favourably worked at a low current density
and a high temperature. But in technical work the necessity of rapidly
obtaining a large output and the cost of heating usually outweigh
these considerations.

Not only the electrolyte between two electrodes, but also the
clectrolyte above, beneath, and at the sides, takes part in the conducting
of a current, as the path followed by the latter is not straight, but
curved. Thus the resistance of a cell is always less than the calculated
value, assuming that only the liquid between the electrodes conducts.
Hence a current does not enter and leave an electrode with a uniform
current density at all points. On the contrary, this is perceptibly
greater at all edges and corners, and causes the growths often observed
at such edges in the deposition of metals. For the same reason it is
inadvisable to use too small electrodes, as then an appreciable fraction
of the electrolysis may occur at higher current densities than the calcu-
lated one, and we have seen how markedly an increased current density
can affect the results. :

As material for connecting leads and busbars, copper is generally
used, its conductivity (per unit volume) being the highest of all
commonly available metals. Copper that has been electrolytically
refined has a particularly high conductivity (twelve times that of lead,
seven times that of iron, four times that of zinc). Of late aluminium
has been coming into use. Although per unit volume its conductivity
is not much more than half that of copper, yet, on account of its
extreme lightness, its conductivity per unit weight exceeds that of
copper. And its price is at present rather the lower of the two. It
is stated that in an atmosphere containing chlorine it is considerably
less attacked than copper.! Voltage losses can also occur in the leads
owing to defective contacts. In copper refining they have occasionally
amounted to 20 per cent. of the total voltage across the tank.? Where
clectrodes are permanently fixed in position they can be securely
attached to their leads, but when they are constantly being removed
and replaced, as in copper refining, any elaborate system of con-
nection is impossible. They are often then simply suspended from
busbars. In that case a clean plane metal surface is of prime
importance.

! Electrochem. Ind. 7, 313 (1909).
* P. 256. Compare also p. 424,
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Cathodes.—Of cathodes wused in technical operations where
hydrogen, and not a metal, is produced, little need be said. The most
important materials are iron and graphite. Platinum is only occasion-
ally used,' on account of its high price ; copper gauze is said to be
the cathode in the Hargreaves-Bird electrolytic alkali cell ;2 lead is
used in the electrolysis of dilute H,SO, for obtaining hydrogen and
oxygen ;3 mercury is the cathode in the various ‘mercury’ alkali-
chlorine cells.* But usually, when the catholyte is alkaline, iron is used,
and when acid, graphite. The most important property of a cathode is
the amount of its hydrogen overvoltage. Figures are given on pp. 118-
119. Itisfairly low for iron and platinum, which is fortunate, consider-
ing the extended use of the former in alkali-chlorine cells. Copper,
nickel, and graphite give values nearly equal, but a little higher than
iron. Lead and mercury have very high overvoltages, in the latter case
advantageous when acting as cathode in ‘mercury ’ alkali-chlorine
cells. Platinised platinum of course would usually be an ideal material,
but, apart from its cost, it has a surfage that is easily mechanically
destroyed.

Anodes.— Technical insoluble anodes should satisfy two conditions.
They should not be attacked or disintegrated when under use, and the
oxygen or chlorine overvoltage should be low. They should also, of
course, conduct electricity well. Of those used or suggested we may
mention platinum, smooth and platinised ; hard artificial carbon ;
graphite ; Fe;O4; carborundum ; ferro-silicon ; iron; PbO,; MnO,.
Except the last four, they are particularly intended for use with
chlorine.  (Ferro-silicon and carborundum are of minor import-
ance.)

Platinum Anodes,—Pure platinum is by no means always
unattacked by anodic chlorine. Under certain conditions it can to
some extent lose its passivity, as was shown by Haber and Grinberg®
and by Bran.® But alloyed with 10 per cent. Ir it is far more resistive.’
The accompanying Tables XXIII and XXIV show this.

TABLE XXIII. Platinum—Iridium

Current Loss of weight i
Electrolyte Density. Temp. Am:)g.illours : per d.m.2 of
amp. /cm.? L electrode.
Cone. KCl ¥ 01 20° 240 00 mg.
& Al 4 { (a) 200 (a) 3-5 mg.
or NaCl 0-167 80 \ () 200 (%) 0-4 mg.
! Pp. 328, 332. 2 P. 376. 3 P. 387.
4 P. 347. 5 Zeitsch. Anorg. Chem. 16, 446 (1898).

© Zeitsch. Elektrochem. 8,197 (1902)-
! Denso, Zeitsch. Elektrochem. 8, 149 (1962).



152 PRINCIPLES OF APPLIED ELECTROCHEMISTRY [cHaP.

TABLE XXIV. Platinum

‘ s Current densit; Per cent. current used
Mocprolyse Fpep. amp. /c.m."y in dissolving Pt
30 per cent. HC1 17-4° 2 00
36 per cent. 11° 1 03 ‘
325 per cent. 25° =5 1079
258 per cent. 25° N 7-48 |
20 per cent. 23-4° <5 1-02
162 per cent. 24°5° 55 0-06
11-2 per cent. 24-2° 5 0-081
32 per cent. | 50° 1 416
| 32 per cent. 65° 1 52

Platinum is expensive, and when used, the maximum possible surface
must be employed—e.g. a gauze construction. Such anodes are fragile
mechanically, and must be carefully mounted.! In order to decrease
the chlorine overvoltag®/ platinised electrodes would be preferable.
Here, again, thmture of the surface prevents their use. The
use of grey platinum—.e. platinum which has been carefully heated up
for a few hundredadegrees—would seem to avoid this drawback.?

Carbon and }‘faphite Anodes.—At one time hard artificial
carbon anodes wgfe much usm chloride electrolysis. They are
prepared by compressing together lampblack and tar, heating to a
temperature of Wbout 140(Mnd slowly cooling. When of good
quality, they #Pnte elydipr®and give a sharp metallic ring when
struck. Used ::ﬁayg:s they behave satisfactorily as long as oxygen
evolution is exebffed. But when this commences they usually rapidly
burn away and disintegrate, fouling the electrolyte with carbonaceous
matter and often with inorganic constituents. Lepsius states® that
the anodes formerly used in the Griesheim-Elektron alkali-chlorine
cell lasted about a year, an exceptionally long life for the conditions
of electrolysis in that cell. Graphite anodes*® are now generally used
in the electrolysis of chlorides.® They conduct better than those of
artificial carbon, are less readily attacked, do not disintegrate to the
same extent, and are very easily machined on account of their softness.
Their resistance indeed to the action of anodic chlorine is extraordinary.
If oxygen evolution be excluded, very little action can be detected after
a year or more.® Lately’ the technique of making artificial carbon

1 See p. 353. ? See p. 339. 3 Electrochem. Ind. 7, 189 (1909).

4 See p. 495, & Electrochem. Ind. 1, 26 (1902).

¢ Electrochem. Ind. 5, 209 (1907).

7 Joost, Dissertation (Dresden, 1910). This publication also contains results of
experiments which show that the evolution of oxygen from alkaline solution at
carbon clectrodes is considerably facilitated, and the corrosion of the electrodes
much diminished, if the latter are previously soaked in a strong solution of a cobalt
salt. The oxygen evolution takes place through the successive formation and
decomposition of a higher oxide of cobalt, Cf, pp, 133-134, 241242,
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electrodes appears to have been much improved, and anodes can
now be obtained which are very nearly as chemically resistive against
oxygen as those of graphite. These anodes are much softer than the
older ones, and, although still really amorphous carbon, resemble
graphite in several respects.

In cases where carbon or graphite anodes are actually attacked,
they are so constructed that, instead of having to scrap the whole
electrode, that part only which is attacked need
be replaced. With graphite this is very simply ﬁ
effected by screwing the new part into a per- F
manent seat in the main portion of the anode. [

Fig. 40 shows a more complicated construction,

" such as is used by the Electrolytic Alkali Co., of
Middlewich. The carbon blocks are cemented
into the copper frame by molten lead. The
metallic parts are subsequently covered with
some such material as asbestos or tar, and
finally with Portland cement. The porosity of
a carbon anode is of importance in determining
the extent to which it will be attacked.!

The use of Siemens carborundum electrodes
in chloride electrolysis has achieved no import-
ance, though comparative experiments carried
out with graphite anodes gave favourable eihior.
results.? 'Where graphite had lost 17 per cent. b: Banton:
of its weight, carborundum was unaffected in ¢, Portland cement.
twice the time. A considerable drawback is Fia. 40.—Electrolytic
its low conductivity. FesOs, on the other  Alkali Co. Anode.
hand, is now used for the anodes in the
Griesheim alkali-chlorine cell.® Tt is both cheap and resistive, and
for that particular type of cell is the best electrode available.

Chlorine Overvoltage.—DBilliter * found this to be very low at
graphite. For smooth platinum and magnetite, Sacerdoti® found
almost the same figures—in both cases (at a current density of
4 amp./cm.?) an overvoltage of about 0'7 volt at 18° and 035 volt
at 100°. Billiter (loc. cit.) found far larger values, those for magnetite
moreover being much greater than those for platinum. At the same
current density and at 17° he obtained, for platinum 10 volt, for

! See p. 345. Also for studies of various kinds of carbon and graphite
electrodes, see Foerster, Zeitsch. Angew. Chem. 18, 647 (1901) ; Zeitsch. Elektro-
chem. 8, 143 (1902); Chem. Ind. 26, 86 (1903); Sprdsser, Zeitsch. Elektrochem.
9, (1901) 3 Joost, loc. cit.

2 Zeitsch. Elektrochem. 13, 2, 3, 12 (1907).

3 See p. 363.

* Die Elektrochemischen Verfakren, etc., vol. ii., p. 140 (1911).

5 Zeitsch. Elekirochem. 17, 473 (1911).
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magnetite 1'9 volts; while at 70° he found 0-8 and 1-4 volts respec-
tively.

Anodes to withstand Oxygen.—For anodes at which oxygen
is being evolved hard carbon and graphite are useless. They are
vigorously attacked, more rapidly in acid than in alkali, carbon more
than graphite. Platinum is usually ruled out as too expensive, though
otherwise suitable. For alkaline solutions, iron and nickel] are suitable
on account of their passivity. Iron is used in the electrolytic prepara-
tion of hydrogen and oxygen,* and also employed in the precipitation
of gold from the dilute cyanide liquors* used in its extraction from
‘ tailings.” In acid or neutral solution also, iron is to a great extent
passive (particularly at high current densities) if chlorides, etc., are
absent. But nevertheless some dissolves, and if absolutely necessary
to avoid contamination of the electrolyte with metallic impurities it
cannot be used. This condition must be fulfilled in the electrolytic
deposition of zinc from acid ZnSO,; liquors obtained by leaching
calcined zinc ores.* Electrodes of graphite, Fe;Oy, hard lead, ctc., are
useless. But success has been obtained with Ferchland’s anodes of
electrolytically-deposited PbO,.* No trace of lead appears to enter
solution, though the surface of the anode is slowly broken up.
Chlorides must presumably be absent. Electrodes of MnO, are stated
to be even better, and promise to last several years. They are also
mechanically stronger, and can be prepared in more convenient
shapes.

Oxygen Overvoltage.—The table on p. 132 shows that the
amounts of oxygen overvoltage at nickel and at iron are low and nearly
equal to one another, whereas at platinum it is much higher. In
acid solution we find the overvoltage at platinum to be far lower, and
that of PbO, to be very nearly equal to it. Thus Miiller and Soller ®
found the overvoltage at smooth platinum in n . H,80, at 20° with a
current density of 00228 amp./cm.? to vary between 0-37 and 0-42
volt, whilst PbO, under the same conditions gave 042 volt; and
Miiller ¢ found the overvoltage at Pt to be by 0:03-0-08 volt the greater.
MnO apparently has a still lower oxygen overvoltage. Working in

5 n . H,80,, when PbO, gave an overvoltage of 035 volt, Schmiedt ?
Iound MnO, to give 0-23 volt.

Diaphragms.*— We finally come to the question of diaphragms, one
that frequently determines the success or otherwise of electrolytic
processes. A good diaphragm must first of all be of suitable mechanical
strength, and as far as possible unattacked chemically by any solu-
tions or gases with which it comes into contact, so that renewal ex-
penses and disturbances in working are reduced to a minimum. Then,

! See pp. 387-388. s P. 278, 3 P. 284, 4 E.P. 24,806 (1£06).
5 Zeitach. Elektrochem. 11, 863 (1905). % Zestsch. Elektrochem. 10, 61 (1504).
7 Dissertation (Charlottenburg, 1909). " See also pp. 856, 369-370.
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whilst capable of effectually stopping diffusion and convection, it
must not for obvious reasons-have too high an electrical resistance.
Generally this last condition is comparatively easily satisfied, and most
diaphragm troubles are concerned with chemical attack or mechanical
weakness. :

Alkali-resisting Diaphragms.— For diaphragms to withstand alkaline
liquors, asbestos is generally a good starting material. The pores of
ordinary asbestos sheet easily become choked up, but asbestos which
has been treated with acid and baked acts very well. A good example
is the diaphragm prepared by Bernfeld (Leipzig). Asbestos also
possesses sufficient mechanical strength to enable it to be securely
fastened into position, if necessary under pressure, without fear of
breakage. Asbestos diaphragms have been used extensively in alkaline
chloride electrolysis, and we might particularly refer to those employed
in the Townsend and Billiter cells! Another material from which
alkali-resisting diaphragms can be prepared is Portland cement. These
again are used in the electrolytic alkali industry.?

Acid-resisting Diaphragms.—These are made with more difficulty.
Most clays and porcelains contain too much basic material to be satis-
factory. For weak acid solutions, Betts ® recommends that powdered
sulphur be sifted over asbestos millboard, the whole heated just above
the melting-point of sulphur, and then allowed to stand in an acid
solution for a few weeks before use. For electrolytes containing much
sulphuric acid and chromic acid, Le Blanc,* together with the firm Villeroy
and Bock (Mettlach), devised diaphragms consisting (in the finished
state) of 25 per cent. Al,O, and 75 per cent. Si0,. Such a material is
naturally useless in alkaline electrolytes, but it was unaffected by the
chromic acid mixture in the course of a year. Its chief disadvantage is
its brittleness, though the difficulties of preparing pieces of large size
were to a great extent overcome.

For diaphragms in acid electrolytes the material recommended
by Buchner® would also appear to be suitable. It is composed of a
mixture of kaolin and the artificial corundum resulting as a by-product
in the Goldschmidt Thermite process. Not only is it very resistive
to acids even at high temperatures, but its coefficient of expansion with
heat is very low. It consequently does not readily crack on cooling,
and plates, ete., of large size can be made. Many other materials have
been suggested and tried at different times for diaphragm construction,
but it is hardly necessary to enumerate them, much less discuss them.
They include paper, leather, silk, felt and parchment, treated in various
ways ; unglazed porcelain and artificial clays, composed of different
basic and acid constituents in almost every possible proportion ; soap,

1 Pp. 375, 380. 2 See p. 363.  ® Electrochem. Ind. 8, 272 (1908).
i Zeitsch, Elektrochem. 7, 290 (1900). > Zeitsch. Angew, Chem. 17, 985 (1904).



156 PRINCIPLES OF APPLIED ELECTROCHEMISTRY [cHA

powdered magnesia, gypsum, etc., etc. Some we shall meet with
again. ‘

Testing of Diaphragms.— Chemical questions apart, we are con-
cerned with the efficiency of the diaphragm in preventing the mixing
of the liquids on its two sides, and with the extra resistance introduced
mto the electrolyte because of its use. These properties should be
investigated for every diaphragm, and the
way of doing so has been clearly pointed out
by Guye and Tardy.! Besides the dimensions
of a diaphragm, something should be known
of the volume of its pores, of its action in
preventing the passage of a liquid through it,
of its action in preventing diffusion of a dis-
solved substance from one side to the other,
and finally of its electrical resistance. The
volume of the pores is readily determined by
weighing the diaphragm dry, and, after
soaking it in water, reweighing. The frac-
tion of the total volume of the diaphragm
due to the pores may vary widely—between
20 per cent. and 70 per cent.

The permeability of the diaphragm,
measuring the ease with which a liquid passes
through it, can be determined by the apparatus
in Fig. 41. The diaphragm A is clamped in a
horizontal position between the two vessels
BB. The upper one of these is filled with
a liquid (water is suitable), and the liquid

~ : head above the surface of the diaphragm

F’%{ﬁ;}:j?ﬁ;’ﬁ“t measured on the scale C. Water percolates

Diaphragm. through, and is collected in the vessel D.

The quantity v which has passed will vary

directly as the area of the diaphragm a, as its permeability K, as the

head of liquid %, and as the density of the same 3. It will vary in-
versely as the viscosity of the liquid %, and we get

) e

n
The measurement of the diffusion coefficient is carried out with a
similar apparatus, in which the diaphragm is now placed vertically, and
the head of the electrolyte is the same on both sides. The concentra-
tions of solute on the two sides of the diaphragm are different, and the
quantity which passes through in a certain time is measured. It is
best to stir the liquid on both sides of the diaphragm, to keep the more

=\ 5

v=K

! Jour. Chim. Phys. 2,79 (1904).



x1.] THE ELECTROLYSIS BATH 157

concentrated solution saturated, and to run pure water continually
through the other side. The concentration difference between the two
sides is thus kept constant. If now the same salt be always used (to
‘avoid differences of diffusion coefficients), and if the experiment be
continued always for the same length of time, the quantity which
passes through will be

m = K’. g,

where a is the area and d the thickness of the diaphragm, whilst é,
gives the relative resistance to diffusion of the diaphragm material.

The measurement of electrical resistance is simply carried out by
determining the resistance between two electrodes kept at a fixed
distance apart in an electrolyte when both stand on the same side of
the diaphragm, and then when they are on opposite sides. Subtraction
gives us the apparent resistance of the diaphragm, which varies very
considerably in different cases. The acid-resisting diaphragms of Le
Blanc—5 mm. in thickness—absorbed 0:15-0'2 volt with a current
density of 0-02 amp. /cm.?, which is a somewhat low figure.



CHAPTER XII

MOLTEN ELECTROLYTES

THE electrolysis of fused salts is of considerable importance technically.
In this chapter we shall deal with their general behaviour as electro-
lytes, noting particularly how it differs from that of aqueous solutions.
The chief worker in this field during the last fifteen years has been
Lorenz, and most of the results quoted below are the work of him and
his pupils.

Conductivity.— Molten salts are good conductors of electricity, and
their conductivity is electrolytic. At anode and cathode are liberated
the products we should expect to result. Thus PbCl, gives lead and
chlorine, NaNO; gives sodium together with oxygen and nitrous gases.
Table XXV contains the specific conductivities of a number of fused
salts a few degrees above their melting-points.

TABLE XXV

« (reciprocal ohms per

Salt 0 centimetre cube)
NaNO; 318° 1-022
KNO, 343° 0645
CaCl, (m.p. 774°) 800° 1:90
K.CO, 900° 195
ZnCl, (nearly pure) 300° 0-00186
ZnCl, (impure) 258° 0-224
PbCl, 528° 1:596
NaCl (m.p. 800°) 850° 350

If we compare the table! of conductivities of aqueous solutions at 18°
we see that the figures for molten salts are usually considerably greater,
though of the same order. As with aqueous solutions, the conductivity
increases considerably with rise of temperature, indeed for moderate

temperatures almost linearly. At higher temperatures the increase of
conductivity falls behind the rise of temperature.

9 A
168
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Tables XX VI and XXVII give results obtained by Lorenz and Kal-
mus? and by Arndt and Gessler.?

TABLE XXVI

K.Cr:0; (Loand K.) NaNO; (L. and K.)

[’} K (] x
397° 0-1959 308° 0965
407° 02198 318° 1-022
417° 0-2381 328° 1-065
437° 0-2745 338° 1-108
457° 0-3109 348° 1-151
477° 0-3473 358° 1-195
497° © 0-3837 368° 1-239
507° 0-4019 ‘ 378° 1-283

TABLE XXVIL

AgBr (4. and G.) CaCl, (A. and G.)
6 3 é K
450° 2-93 800° 1-90
500° 3-02 850° 212
550° 3-10 900° 2-32
600° 3-18 950° 250
700° 3-34 1000° 266
800° 3-50 1050° 276

900° 3-68

The measurement of the conductivity of fused salts usually offers
no particular difficulties. The arrangement used is essentially that
described on p. 60. Unplatinised platinum electrodes must be
employed, as platinum-black at high temperatures quickly changes its
structure. With particularly good conducting salts, the electrodes must
be separated by a capillary tube, in order to increase the resistance to
a convenient amount.

Current Efficiency.—The next question is—Is Faraday’s Law
valid for the electrolysis of molten salts ? That it is has been rigorously
proved by Lorenz