University of Tennessee, Knoxville

na LINIVERSITY o

TENNESSEE TRACE: Tennessee Research and Creative
FHOREE Exchange
Doctoral Dissertations Graduate School

12-1958

A Study of the Heat Effects at Electrodes During Electrolysis

Howard Frank Holmes
University of Tennessee - Knoxville

Follow this and additional works at: https://trace.tennessee.edu/utk_graddiss

b Part of the Chemistry Commons

Recommended Citation

Holmes, Howard Frank, "A Study of the Heat Effects at Electrodes During Electrolysis. " PhD diss.,
University of Tennessee, 1958.

https://trace.tennessee.edu/utk_graddiss/2922

This Dissertation is brought to you for free and open access by the Graduate School at TRACE: Tennessee
Research and Creative Exchange. It has been accepted for inclusion in Doctoral Dissertations by an authorized
administrator of TRACE: Tennessee Research and Creative Exchange. For more information, please contact
trace@utk.edu.


https://trace.tennessee.edu/
https://trace.tennessee.edu/
https://trace.tennessee.edu/utk_graddiss
https://trace.tennessee.edu/utk-grad
https://trace.tennessee.edu/utk_graddiss?utm_source=trace.tennessee.edu%2Futk_graddiss%2F2922&utm_medium=PDF&utm_campaign=PDFCoverPages
http://network.bepress.com/hgg/discipline/131?utm_source=trace.tennessee.edu%2Futk_graddiss%2F2922&utm_medium=PDF&utm_campaign=PDFCoverPages
mailto:trace@utk.edu

To the Graduate Council:

| am submitting herewith a dissertation written by Howard Frank Holmes entitled "A Study of the
Heat Effects at Electrodes During Electrolysis." | have examined the final electronic copy of this
dissertation for form and content and recommend that it be accepted in partial fulfillment of the
requirements for the degree of Doctor of Philosophy, with a major in Chemistry.

Michael J. Joncich, Major Professor
We have read this dissertation and recommend its acceptance:
William T. Smith, John A. Dean, William E. Brill, John W. Prados
Accepted for the Council:
Carolyn R. Hodges
Vice Provost and Dean of the Graduate School

(Original signatures are on file with official student records.)



November 21, 1958

To the Graduate Council:

I am submitting herewith a dissertation written by Howard Frank
Holmes entitled ®A Study of the Heat Effects at Electrodes During Elec-
trolysis." I recommend that it be accepted in partial fulfiliment of
the requirements for the degree of Doctor of Philosophy, with a major

in Chemistry.
%é éo;essor i

We have read this dissertation
and recommend its acceptance:

9()%/)1/ ) Denm) %

&

Accepted for the Councils

Dean of the Graduate Sghool



A STUDY OF THE HEAT EFFECTS AT ELECTRODES DURING ELECTROLYSIS

A DISSERTATION

Submitted to

The Graduate Council

of
The University of Tennessee
in
Partial Fulfililment of the Requirements
for the Degree of
Doctor of Philosophy

by
Howard Frank Holmes

December, 1958



1387

ACKNOWLEDGEMENT

The author would like to express his appreciation for the
capable guidance demonstrated by Dr. Micheal J. Joncich during the

course of this research.

457€HS



TABLE OF CONTENTS
CHAPTER . PAGE

I. INTRODUCTION AND HISTORICAL. . « « o o « « o o ¢ o o o 1
A, Classical Thermodynamics of Electrochemical Cells. 1
B. PreviomB WK, . « o « « 50 s o o s & » T s xx R

1. Heat Evolved by Electrochemical Cells. . . . . 4
2. Thermocells. . . . .‘. o Bz ke .'. P
a. Definition and types of thermocells. . . . 13
b. Relationship of thermocells to present |
RO . & 6 o o mwe 574 MBI v son— o &0
3. Review of Work Done on Thermocells . . . . . . 15
C. Statement of The Problem . . . . . . . . . e o o o 17
II. THEORETICAL DISCUSSION . + o v v o o v o o o o v o o o 19
A. Qlassical Thermodynamics as Applied to Electro-
chemieal™@Ells . « « « « « » s o o3 o = s v » s » 19
B. Electrochemical Cells From an Energetic Viewpoint. 23
C. Irreversible Thermodynamics of Electrochemical
T A A R R R £ P
1. TheWork of de Groot . « « « « o « » o +« & . o 2
2. The Work of Prigogine. « + « « « « « ¢« « « + » 25
3. The Work of Van Rysselberghe . . « « « . « . . 26
D. Irreversible Thermodynamics as Applied to Thermo-
L e T I T E R A, )

1. The Work of Holtan . « « « « « « « o « o « o o« 26



CHAPTER

II.

ITI.

(Gontinued)

2, TheWork of Hasse. . . o o o o o o o o o &

E. Development of the Working Equations . . . . . .

F. The Relationship Between Thermocells and Iso-

thema.l ceus. L] o o . © e e ©0 e o & o o ". | e o o

EmeImNTMI e O e o0 e & @ © & o o ® e o & & s oo e o

A o Materials e ©6 o © o o o e o6 o o o © o s o o o @

1. Copper Sulfate . « ¢« « o« o ¢ o o ¢ ¢ o o o &

2. PotagsiumBulfate. . s ¢ w. s 5.5 o 5 « s »

3., SodiumzSulfate . . « oo o o o ol6 o 6 o

h, Sulfurle Aedd. . 5 « . ¢ o 6 5 = = 5 o v " 2

5. Silver Nitrate . . . . . v ¢« ¢+ ¢ ¢ « v « « &

60 Gel&tin . e s o o e e o gor A e " @ e o o o o o

7. Solutions. . . . . . N P e T b

B. Preliminary Experiments on the Temperature Rise

iv

PAGE

. 29

. 39

. 39

. 39
. 39
. Lo
. ho

at Electrodes During Electrolysis. . . . . . . . . 40

1 o Appu‘a‘tus e o o o o o o e o o o o e e o o o & o ho

AN T T S s RS | |
C. Temperature Difference Measurements on the Copper-
Aqueous Copper Sulfate System. . . . . . . . . o « 42
1. Apparatus. . . « « ¢« ¢ + o o o . £ oidie v = =l
a. Thermistors. . . . . . . . . P IR |
Do L PFer SUPPLE v ». s 5 5 4 o o0 % & £ w » L3

e. wBridge eirewibe. « « + ¢4 o o4 s » o % o Dl



CHAPTER
III. (Continued)

d. Cell and electrode . . .
e. Electrolysis eircuit . .

2 o h‘ooedure ¢ o o o o o o o o o

D. Calorimetric Studies . . . . . . .

1. ApParatus. . . ¢« « o o« « o » o o

a, Thermistors. . . . . . . .

b. Standard resistances . .

o e

c. Temperature control circuit.

o

d. Temperature measuring circuit.

e. Heating eircuits . . . . .

e o

f. Electrolysis circuit . . . . .

g. The calorimeter. . . .

h. Electrodes and probes. . . . .

i. Complete apparatus . . . . . ..

PAGE

2. Procedure for Calorimetry Experiments. . . . . 69

3. Current Efficiency Studies .

A. Preliminary Experiments. . . . .

> v v D

B. Temperature Difference Measurements on the Copper-

Aqueous Copper Sulfate System (Thermal Electro-

msis [ ] L] o [ ] * o e o L] L] L ] o o ° o L] L ] o L] L] [ ] 77
C. Calorimetric Measurement of the Heat Effects at

Single Electrodes During Electrolysis. .

oco-o93

1. OCopper-Aqueous Copper Sulfate System . . . . . 93



CHAPTER

PAGE

(Continued)

‘Do

2. Silver-Aquecus Silver Nitrate System . . . . . 98
3. Platimum-Aqueous Sulfuric Acid System. . . . .101°
Current Efficiencies of the Copper and Silver

Systems.......'..........}....'.101

DICCTENNE R AL 2 o 2 o s o srane Rt & e e .« o+ o o <104

A.

B.

C.

Preliminary Experiments. . . « « « ¢« « « « « « . 104
Temperature Difference Measurements on the Copper-
Aqueous Copper Sulfate System (Thermal Electro- |
CUE ) [ N R A ¢ R I PR | ;-
1. Pure Oopper Sulfate Solutions. . . . . . . . .105
2. Copper Sulfate Solutions to Which-Potassium

Sulfate, Sodium Sulfate, or Sulfuric Acid

Has Been Added . « ¢« ¢« ¢ s « o ¢ ¢ ¢ ¢ s & « o109
3. Copper Sulfate Solutions to Which Gelatin Has

BeenAdded...................111
L. Suggestions for Further Work . . . « . « « . 112
G@orimetric Measurements of Heat Effects at |
Single Electrodes During Electrolysis. . . . . . .113
1. The Copper-Aqueous Copper Sulfate System . . .113
2. The Silver-Aqueous Siiver Nitrate System . . .120
3. The Electrolysis of Water. . . « « ¢« « o« . . 122
4. Comparison of the Copper and Silver Systems. .125

5. Suggestions for Further Work . . . . . . . . .128



vii
CHAPTER PAGE

VL o RIS, » » s ¢ s 4 o 6 o Pmsle 50 o 5 » oL3D
APERNEEL. ¢ o % s 5ol Qe+ & o 5 5 o ¢ o w.wbobh glv o o s » AIR
TREATMENT OF CALORIMETRIC DATA . « ¢ « « « o o o o o 4132

A, Time-Temperature Curve and the Method for Evaluat~
G RIR DL v v o ¢ o ns ot RGN s w132
B. Heat Capacity of the Calorimeter . . . . . . . . 135
C. Calorimetric Data From Electrolysis Runs . . . . .137
BREEEERING: o s g o % o6 o e n s s et e ce e w s 1N



TABLE

III.

IV.

VII.
VIII.

LIST OF TABLES

PAGE
Definition of Symbols Used in Figure 6 . . . . . . . 59
Calorimetric Data Obtained on the Electrolysis of

the Gu(S)IGuSOh(aq.)lmx(s) System at 30°C. . . . .. 95

.Results of Calorimetric Measurements on the Elec-

trolysis of the Ou(s)| CuSOy(aq,)|Ou(g) System at
30% 4 .« ch s s c oo s e bk e s aa e T

Calorimetric Data Obtained on the Electrolysis of

the AS(S)IAGNOB(aq.)
Results of Calorimetric Measurements on the Elec-

Ag(g) System at 30°C. . . . .. 99

trolysis of the Ag(s)l AgNOs( aq.)IAg(s) System at

L A c o GURREE L p an 5 o« 0D
Calorimetric Data and Results Obtained by the Elec-
trolysis of the Pt(s)lﬁzsoh(aq.)lP*(s) System at

SO s ORI s b i s s B b e SRR e ave e o 102
Entropy of the Copper Ion. « « « + « o « o ¢ & « » o 116
Entropy of the Silver Ion. ¢« ¢« ¢ ¢ ¢« « ¢ o « =« « « o 121



FIGURE

10.
11.

12.

15.

16.

LIST OF FIGURES

PAGE
Model Used in Development of Working Equation. . . . . 30
Bridge Circuits Used in Temperature Difference
MBOSUTSMOAME o « « « o o o o ¢ o o s s ¢ 20 o o o o US
Sensitivity and Linearity of Bridge Circuits Shown in
Figure 2 . . . . . SRR 5 -y | T
BISOteolGRIMNERIT. . « . . « o o v s sfwn o v s U9
Teﬁperature Measuring Circuit; ¢ P S Al s s n w55
Heating Circuit. . . . . . . . . . . <
BlootetlysiE CHBRIT . « ¢ « « o0 s v/ » x ¢ o & » o 62
Section View of Calorimeter (Cuter Compartment). . . . 65
Sectién View of Calorimeter (Inner Compartment). . . . 66
Assembled Calorimeter. + . « « « « o o o s o o & o + o 67
Block Diagram of Complete Apparatus. . . « « « « « . o 70
Temperature Rise at the Electrodes for the Electrolysis
of 0.0125 M Copper Sulfate . . « o « o « ¢« « « o o o 76
Tc-Tp versus Time of Electrolysis for the Electrolysis
ofGopperSulfateathOma. TR WS SV R ea w o T8
Ten Minute Values of Tp-T, versus Molar Concentration
Of Copper Sullates ¢ « o o« 0 v v o1e 5 0 b 0 0 o a » 30
One Minute Values of Tg-T, versus Concentration of
GENEER BEITalE '« . . « ¢ v ¢ o 2 % s 0 s 0 s @ s v o GL
Tg-Tg and T,-Tg versus Time for the Electrolysis of

COPEEDHLEaYS e o ¢ v o v s w5 ¢ s bk eim e o0 o B2



FIGURE

17.

18.

19.

20.

2l.

22,

23.

2h.

25.

26,

27.

Ten Minute Values of Tg-Tg and T,-Tg versus Con-
centration of Copper Sulfate. . . « « ¢« ¢« ¢ ¢ ¢ ¢ &
Tg-Ty versus Time for the Electrolysis of 0.08 M
Copper Sulfate at Varibus' Currents. . . . . . . . .
Ten Minute Values of TG;TA versus Current at Which
0.08 M Copper Sulfate Was Electrolyzed. . . . . . .
To~-Tgy Ta-Tg, and Tg-Ty versus Time for the Elec-
trolysis of 0.08 M Copper Sulfate (0.62 M in Potas-
BRI SERRENR . L ¢ 5% v s o AR e el 6w s
Tg-Tg, Tp-Tg, and Tg-T, versus Time for the Elec-
ti'olysis of 0.08 M'Copper_-Sulfate (0,02 M in Sodium
SRIEEE), & vl 4 & « s 0 v a0 B AR A e s e

Tc-Tgy Tp-Tg, and Tg-Tp versus Time for the Elec-

PAGE

. 85

. 86

. 89

trolysis of 0,08 M Gopper Sulfate (0.02 M in Sulfuric

Acid) ] L] [ ] L] L] L] L] L] L] L[] L] L] L] L[] L] L] [ L] L] L] \ . L 3 * L]
Tg-Ts, Ta~Ts, and Tg-Tp versus Time for the Elec-
trolysis of 0.08 M Copper Sulfate to Which Gelatin

(4O mg./1.) Has Been Added. . . . . « + o .« .

_Effect of Potassium Sulfate on the Electrolysis of

0,08 M Copper Sulate at 300 ma. « v « & & o o « o &
Entropy of the Copper Ion as a Function of the Con-
centration of Copper. . . . . . o Al xF e R
Entropy of the Silver Ion as a Function of the Con-
centration of SI1Ver. « « v v ¢ ¢ ¢ v 4 4 o o o . .
Typical Time-Temperature Qufve and Method of Evalu-

atim AT. e o o o . e oy O TANY e 0 v e e S " ¢ ®

. 90

. 92

.118

123

.13k



CHAPTER I

INTRODUCTION AND HISTORICAL
A. (Classical Thermodynamics of Electrochemical Cells

The application of classical chemical thermodynamics to reversible
electrochemical cells ié well founded in both theory and experiments.

The thermodynamics of Gibbs and Nernst provide one with the well known
equations used in studying and describing reversible electrochemical
systems. The study of such systems has provided a multitude of badLv
needed thermodynaemic data as well as much useful information about the
physical chemistry of solutions.

The usual mefhod of conducting such a study is to measure the
voltages of a reversible electrochemical cell as a function of concen-
tration and temperature. From experiments such as these and by using
the well known thermodynamic eguationa, one is able to obtain values for
the enthalpy change, the free energy change, the entropy change, the
standard potential of the cell, and activities of the solutions involved.

Studies such as these are limited in their application, however,
as they are valid only for strictly reversible conditions. ' In actual
practice, there are only a rélatively few electrodes which are strictly
reversible. As a further restriction, the condition of reversibility
requires that the measurements be made under a state of zero current

flow. Thus classical electrochemical thermodynamics is limitéd to those
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few electrodes which are reversible and then only under conditions of
zero current flow.

The departure of the potential of an electrode from its reversible
value under the influence of current flow is termed polarization, over-
voltage, or overpotential. The total polarization is made up of three
types of polarization, the relative magnitudes of which vary with the
conditions and the electrode system. These are ohmic or resistance
polarization, concentration polarigation, and activation polarization.
Ohmic polarization results from the potential drop associated with such
things as oxide layers on the electrode, gas bubbles at the elegtrode-
golution interface, and resistance of the solution in the immediate
vicinity of the electrode. Concentration polarization results from the
deficiency (in the case of cathodic reactions) or excess (in the case
of anodic reactions) of electroactive ions® in the immediate vicinity
of the electrode as compared to the bulk of the solution. Activation
polarization, as the name implies, results from the activation energy
associated with the rate odntrolling step in the postulated mechanism
of the electrode reaction. Of the three types of polarigzation, activa-
tion polarization has received the most attention.

The usual method of studying polarization is to use a three elec-
trode system. One of these, the working electrode, is the electrode of ‘

interest for which polarization values are desired. Another electrode

*Electroactive ions are those ions which are directly involved in
the electrode reactions.
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is the reference electrode which is used in conjunction with the work-

ing electrode to obtain voltage values as‘a function of current strength.
Essentially no current is passed between the reference electrode and the
workdng electrode. Electrical connection between the working electrode
and the reference electrode is accomplished by means of a capillary
probe, thetip of which is placed very near the working electrode. The
third electrode merely‘ serves as a means of passing current through the
working electrode. The difference between the potential (with respect
to the reference electrode) of the working electrode during current flow
and the potential under conditions of zero current is taken as equal to
the polarization. One can see that, from the thermodynamlc point of
view, such polarization values are meaningless unlgss a satisfactory
reversible value for the potential can be measured. Here again such
values are thermodynamically significant only for those electrodes which
are reversible. This leaves untouqhed vast mumbers of practical irrevers-
ible electrodes and does not even suggest a method for measuring thermo-
dynamic properties at electrqdes where simultaneous reactions are occur-
ring.

The preceding serves merely to emphasize the limitations of classi-
cal electrochemical thermodynamics and to stress the need for a new method
for the study of electrochemical systems.



B. Previous Work

1. Heat Evolved Ez Electrochemical Cells

The earliest experiments appearing in the literature concerning
the heat effects of a cell during electrolysis were those of Fa.u.re.:L
Faure used a mercury calorimeter of doubtful reliability to obtain his
results. I_n. addition the current density and temperature are not given.
However, he does state that the current is so low that the irreversible
Joule heat due to the ohmic resistance of the cell is negligible. Such
a statement is highly questionable.

The phenomenon of a heat effect at a single electrode was first
reported by Millsz in 1877. His findings were obtained by coating the
bulb of a mercury thermometer with a metal which then served as the
cathode in an electrolytic cell. Miils interpreted this heat effect as
a result of the work of the electrode reactioh "phenomena' .

Two years later Bouty3 began a research von a similar system. Like
Mills, his results were obtained by using a metal plated thermometer bulb
as an electrode. Bouty was the first to draw the analogy between the
heat effect existing at a single‘ electrode and thé Peltier effect which
occurs at the junction of two dissimilar metals i Bouty studied copper,
zine, and cadmium electrodes and supplemented his work by making measure-

L ;

ments on electrolytic thermocells.

*Thi,s explains why most of the earlier work appears in the litera-
ture under the title of the "electrolytic Peltier effect".
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Ja.hns used a Bunsen ice calorimeter to make his measurements on
the work delivered by a battery. He used essentially the same experi-
mental technique to make his measurements on heat effects localized at
the electrodes in electrolytic cells. The metals studied by Jahn were
copper, cadmium, zinc, and silver. It is in this article that Jahn
states that the heat effect is equivalent to the current energy corre-
sponding to polarization. G:LJ_].,6 using a copper resistance thermameter,
also made some measurements which were in direct disagreement with some
of Jahn's earlier work. T Bra.v.er8 did some work on the so-called "elec-
trolytié Peltier effect™ using non-adiabatic calorimetry. He compared
his results with measurements on the corresponding thermocells.

In 1913 J. W. Richards? carried out some experiments to show that
overvoltage, or polarization, did no chemical work but was due to in-
creased surface resistance of the electrodes. The reaction studied was
the electralysis of water. The question he wished to answer was whether
the overvoltage increased the theoretical decomposition voltage or whether
it appeared as an additional resistance voltage. To answer this, Richards
treated an electrochemical cell containing dilute éulfuric acid as a cal-
orimeter and measured the sensible heat given off during the electrolysis.
Knowing the heat equivalent of the current passed, he subtracted the
sensible heat measured and the difference was the heat disappearing in
chemical work. From this, the decamposition voltage was calculated. With-
in experimental érror, this was equal to the theoretical decomposition
voltage in a].l cases, even when using different e;l.ectrode materials.

Using Richard's data, one can calculate the heat of formation of water.
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This was done and values of -68.l, -67.8, and -70.0 kilocalories per
mole of water were obtained. All three of the values afe in faif agree-
ment with the accepted value if oﬂe considers the accuracy of his experi-
mental measurements. It is interesting to note that Richards never refers
to an electrolytic Peltier effect.

Guglielmolo made some calorimetric measurements on heat effects
occurring between zinc electrodes and a zinc sulfate solution. His
calorimeter, however, was not Suitable. as it:cqﬁsisted,bf;tkﬁ,beakers;‘zmb
for each electrode, connected by a salt bridge, with a mercury thermometer
immersed in each beaker.

Butler, -+

in discussing the seat of electromotive force in a gal-
vanic cell, states that the latent heat in a cell is analogous to the
Peltier effect. However, no statement is ma&e concerning its magnitude
~or its definition in terms of other thermodynamic quantities.

In 1929 Bruzs:2

started making temperature measurements on working
electrodes. His apparatus consisted of 2L40 thermocoﬁples imbedded in a
nickel electrode which served as an anode. The electrolyte was a mixture
of nickel sulfate and ammonium sulfate with a little citric acid added.
The only result recorded with this apparatus was that the surface temper-
Aturé of the anode increased as the current density'wag increased up to
the current density at which oxygen was evolved. At this point, there
was a sudden rise in the anode surface temperature.

This apparatus was later modified by Brussl3 to enable him to
meaéure the difference in temperature between the cathode and anode sur-

faces. It was found that during the electrolysis of water, there was a
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short period during which the cathode was at a higher temperature but

the anode temperature eventually became greater in all cases. The dif-
ference in temperature of the two electrodes increased with an increase
in current density. There was also a decided temperature rise at the
cathode when silver was depoéited from a silver nitrate solution. This
effect was not nearly as.great as in the case of evolution of oxygen or
hydrogen. The teﬁperature rise during the deposition of oxygen, hydrogen,
and silver was found to be in the ratio of 7.3:h.§:0.6, respectively;

At no tiﬁe in his first two artiéles did Bruzs mention a Peltier
effect, However, in a later articlelh he stated that the temperature
effect at a working electrode may be consi&ered as a Peltier effect, or,
as the latent heat of the electrode process. He reasoned, therefore,
that these measurements could lead to a means of determining the entropy
of ions. Accordingly, hg measured the temperature effect on silver,
lead, cadwium, bigmnth, zinc, and copper electrodes. For molar solutions
of silver, lead, and bismuth as nitrates and cadmium, zinc, and copper as
sulfates, the following values for the absolute partial molal ionic
entropies were obtained, respectively: 19, -1, -11, -26, -19, and -29
calories per mole per degree.

In 1930 Lange and his co-workers> began their series of measure-
ments of the electrolytic Peltier effect. An adiabatic, differential
calorimeter was employed to obtain measurements on the mercury-mercurous
electrode. The heat values obtained during electrolysis increased in a
positive direction with increasing metal ion concentration, in agreement

with their theoretical prediction. Lange arrived at his theoretical in-
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terpretation by relating the heat effect at the electrode to the tempera-
ture coéfficient of the electrode botential. Lange stated that this was
possible only if one regards the heats of transfer® as being equal to
zero.

-Shortly thereafter Bruzal6 completed his study of the mercury-
mercurous electrode in both nitrate and perchlorate solutions. Studies
were done at various concentrations and the results were applied ﬁo the
calculation of the partial molal entropy of the mercurous ion. Bruzs!
results are in general agreement with those of Lange and Mbnheimls |
both as to order of magnitude and in variation of the entropy with mer-
curous ion concentration. Bruzs reporfed the partial molal entropy of
the mercurocus ion in solutions of unit activity as 29 * 1 calorié'per
mole per degfee. He did not, however, explain how he arrived at the con-
centration of a solution in which the activity of the mercurous ion is
unity.

In a later article Bruzs17 gave a rather convincing argument that
the heats of transfer of ions can affect the electrolytic Peltier héats
only in the case of concentration polarization. He postulated that one
may equate the Peltier heat and the latent heat of the electrode process
in those cases where concentration polarization is not significant. In
the same article he discussed some rather inconclusive measurements on

the cadmium-cadmium amalgam electrode. Further, he gave an argument,

*his quantity will be discussed in the section on thermocells.
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which was rather vague, proposing the use of heat measurements to cal-
culate absolute partial speeific heats of individual ions.

In his last article in this series, Bruzsl8 described a dynamic
calorimeter to make measurements on a copper electrode in a copper sul-
fate solution. His results ﬁere used to calculate the Peltier coefficient
and partial molal entropy of the copper ion in the solutions used, For
solutions of mole fraction 0.0180, 0.0040, and 0.0004, the partial molal
entropy of the copper ion was found to be 27.8, 25.1, and 20.7 calories
per mole per degree, respectively.

In 1932 Lange and Hessel9 published an article on the electrolytic
Peltier heat in the silver-aqueous silver nitrate system. Their discus-
sion was based on the assumption that the Thompson relation camnot be re-
garded as valid for electrolytic systems because of its derivation for a
circular process. However, they fﬁrther assume that it may be applied
to electrolytic systems if one adds a term involving the molecular heats
of the substances moving under the influence of the currenf. Their in-
vestigation was started because of the possibility that errors may be
present in previous measurements on the electrolytic Peltier heat. A
comparison of their results with the corresponding electrolytic thermo-
power gave satisfactory results within the limits of experimental error.
No attempt was made to correlate their results with partial molal ionic
entropies of ions. ‘

In their next article Lange and Hesse20 described measurements
made on the Peltier heats at a silver-silver chloride electrode. Here

again Lange and Hesse introduced the concept of heats of transport.
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They stated that these quantities are probably abouf 100-300 calories
per mole, almost independent of concentration, but that they are re-
lated to tfansport numbers. Lange and Heséeal pursued this idea fur-
ther by making measurements on the electrolytic heﬁt effect in the
system; silvér-aqueous silver nitrate and silver-silver chloride in the
presence of potassium, lithium, and hydrogen ions. fheir results were
interprete& as establishing the existence and necessity for considering
-heats of tfansport. However, their results might be intqrpréted Just as
well by considering the variation in activity of the chloride ion in
aqueous solutionslbf potassium ohloride, lithium chloride, and hydrogen
chloride.

Chalmers, 22

without making reference to any of the earlier work,
discussed the Peltier effect at metal-electrolyte junctions and at the
liquid Junction in concentration cells. This effect was given by him
as being equal to the product of the absolute.temperature and the entfopy
change occurring at the junction. He further stated that measurement of
this effect would give a means of obtaining the absolute entropies of
ions. n_ gy

Tarasove] has measured the temperature changes at electrodes during
the electrolysis of aqueocus copper sulfate using oopper'electrodes. He
made the rather astonishing statement that the Joule heat evolved has no
effect on these temperature changes. The observation was made that the
temperature change is positive throughout at the anode but that it is

negative at the cathode at certain current densities. His results were

expressed in terms of empirical equations gnd explained in terms of dif-



n
fusion and rate of solution rather than on the basis of ionic entropies
and heats of transport. Reasoning thusly, he arrived at the conclusion
that curves of temperature change versus current are more revealing in
electrode processes than curves of current versus voltage.

Nagaurazu made a theoretical and experimental study of the heat
balance in a cell for the electrolysis of water. He derived equations
for the free energy and enthalpy changes in terms of temperature, the
vapor pressure of water above the solution, and the heat of evaporation
of water. These equations permitted the calculation of the free energy
and enthalpy changes as a function of the temperature and the concentra-
tion of the sodium hydroxide solution used. To test this experimentally,
he electrolyzed 20 per cent sodium hydroxide solutions and noted the
final temperature. After this, the same cell was filled with an iden-
tical quantity of the sodium hydroxide solution and heated to the same
final temperature with a measured quantity of electrical energy. Heats
of formation for water fram the three examples given were -68.9, -69.78,
and -69.82 kilocalories per mole of water. Better agreement with the
accepted value would have been obtained if a correction had been made
for the water carried off by the gases evolved.

Antropov25 has compared four different methods for calculating the
heat evolved by an electrolytic cell. It is interesting to note that all
four of the methods give different results. His opinion was that the
correct result would be obtained by taking the difference between the
energy equivalent of the current passed and the amount of energy neces-

sary to bring about the chemical changes involved.
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In 1954 two Russians, Gritsan and Bulgokova, 26,27, 28, 29,30 began
a series of studies on the temperature difference between a cathode a.nd‘
the surrounding solution during electrodeposition of metal powders.

They found that below a certain current density the temperature difference
was practically zero but that above this current density, the temperature
of the cathode was greater than the temperature of the surrounding solu-
tion. It was observed that this temperature difference becﬁme progres-
sively larger as the concentration of the solution was decreased. The
The effect of certain anions upon this temperature difference was studied
and it was shown that there was a definite effect. Copper, cadmium, and
zinc electrodes were studied and empirical equations were developed re-
lating the temperature rise in terms of the concentration of the solution
and the current density used. No theoretical basis was given for the
equations but it was claimed that they were so exact that the concéntra—
tion of an unknown metal solution could be determined merely by measur-
ing the temperature difference between the cathode and the solution during
electrolysis.

In 195k Sherfey and Brenmer’l at the National Bureau of Standards
sﬁart_gd a program of study of the heat effects of dynamic elec;hrocheunical
systems. This was undertaken to determine the feasibility and types of
information available from simultaneous electrical and calorimetric
measurements on the same system. From their studies they have obtained
heats of reaction, polarization values, and entropy changes for a few
electrolytic reactions. In cases in which comparison was possible, they

have obtained fair agreement between their results and the existing data.
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Throughout the literature, there seems to be no general agree-
ment as to the quantities involved in the heat effects occurring at
electrodes during electrolysis. Some of the quantities which have, at
- various times, been included in these heat effects are: heats of reac-
tion, free energy changes, entropy changes, polarizatioms of all types,

ohmic resistance, heats of transfer, and the Peltier effect.

2. Thermocells

a. Definition and types of thermocells. The electrolytic thermo-

couple, or "thermocell", is the e]:ectrolytic counterpart of the metallic
thermocouple and manmy of the same relationships are valid for both systems.
As is the case of metallic thermocouples, the electrical potential in a
thermocell is caused by a temperature gradient in some portion of the
cell and not by a difference in the potentials of two electrode reactions
as 1s the case with a galvanic cell.

All of the thermocells which have been studied may be classified
into one of five general types. These are: |

I. M |Mx (Sdlid)l M

T, T2
II. M |MX (Fused) In.
n T2
III. Electrode | Solution lSolution lElectrode
Tl T1T2 T2
IV Electrode Solution A lSolut.ion B ‘Solution A |E1ectrode
. T1 1Ty T2T) T
V. Electrode |Solution A ‘Svolution B |Solution A lElectrode

Ty T1Ty ToT2 T2
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where M 1s a metal electrode, MX is a metal salt, and T refers to tem-
perature.

Cells in which the electrodes are identical, such as those shown
above, are often referred to as "pure" thermocells. Such need not be
the case as an extension can easily be made to thermocells in which the
electrodes are different. However, in this case the measured potential
difference will contain a net electrode potential difference as well as
a thermopotential. Eastmnn32 has reserved the name "thermocell" for
cells of Type III, but this distinction will not be maintained in this

dissertation.

b. Relationship of thermocells to present work. The connection
between thermocells and the heat evolved at electroaes lies in two
quantities. These are the entropy change occurring in the electrode
reaction, and the ionic heats of transfer. Thermocells such as Type III
above have been used to calculate the temperature coefficient of single
electrode reactions. From the temperature coefficient, it is possible
to calculate the entropy change for the electrode reaction and absolute
ionic entropies. Therefore, it is of interest to compare entropy values
obtained from thermocells with those obtained from measurement of the
heat effect at single electrodes during electrolysis.

The role of heat of transfer in thermocells is fairly well estab-
lished, both in theory and experiment. However, as mentioned previously,
the effect of ionic heats of transfer on the amount of heat liberated at
a working electrode is still in dispute. Eastman’3 defined the heat of

transfer of A ag that "quantity of heat absorbed from the surroundings
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of the region (of infinite extent) from which one mole of constituent
A is transferred.® In his wox'k32 on the entropy of the chloride ionm,
Eastman stated that the entropy of transfer (the heat of transfer
divided by the absolu;be temperature) is a result of a temperature dif-
ference between two points in the system. This concept is given further
strength by Holtan'sB," work on thermocells in which the heat of transfer
always appears multipli;d by a temperature gradient. From this, it would
appear that the heat of transfer would have no effect in an isothermal

system.

3. Review of Work Done on Thermocells

Holtan's 1;hea:!.a3h gives an extensive review of the earlier work
which has been done on thermocells. In addition, Holtan did a thorough
theoretical anaiys_is of thermocells and supplemented this theoretical
work with a few experiments. His theoretical treatment is by far the
most complete and most general of any appearing in the literature. His
experimental systems consisted of silver and thallium thermocells. He
also did some interesting work on thermocells with colloidal solutions
and on thermopotentials in nerve fibers. His results plus those of the
earlier workers indicate that his equations are wvalid.

Previous to Holtan, Eashna.njz’Bs’ 36 did considerable work on the
theory of thermocells. However, Eastman's approach followed the line
of classical thermodynamics. It was somewhat arbitrary in that some of
the processes occurring in a thermocell are assumed to be irreversible

and are therefore disregarded. The first and second laws of thermo-
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dynamics were then applied to the remaining processes, the supposedly
reversible parts. Eastman arrived at a thermocell equation which was
consistent with the eiperimental results but which did not give an
accurate picture of the system. Eastman's students3? have published
some of their results from experiments on thermocells. In their paper
the atsolute partial molal entropy of the hydrogen ion was calculated.
to be =2.1 * 0.4 calories per mole per degree from the Eastman thérmo-
cell equation.

‘Bonnennysa maﬁe a study of mercury, cadmium, and cadmium amalgam
electrodes in thermocells from which he concluded that the enthalpy
change of the electrode process is independent of temperature. Bonnemay
and Fnirbank39 studied copper amalgam thermocells. Epom their results,
they calculated the entropy change for the anodic dissolution of copper
at unit activity and obtained a value of -37 calories per mole per
degree. Bonnsm:yho also studied thermocells in which hydrogen, zinc,
zinc amalgam, and copper electrodes were used. The basis for his cal-
culation of single electrode reactions was his assumptionhl that the
thermopotential for the non-isothermal liquid junction in his cells was
equal to zero.

Hasselt2, 3,44 nas done considerable theoretical work on the subject
of thermocells, paying particular attention to heats of transfer. Hasse's
method was similar to that of Holtan3h in that he employed the thermo-
dynamics of irreversible processes. It is interesting to note that in
one of Hasse's articlesh2 he gave an explicit equation for the Peltier
heat in a thermocell but that no mention was made of a Peltier heat in

an isothermal cell.
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The general consensus at the present time seems to be that
measurements on thermocells cannot be used to determine absolute

ionic entropies.

C. Statement of The Problem

There exists a recognized need for a new method for the study of
electrochemical phenomena, particularly in the fields of polarization
and in investigations of the thermodynamics of single electrode processes.

It was felt that a combination of simultaneocus electrical and
calorimetric measurements on the same system might supply this need.

Such measurements would provide one with current, voltage, heat, and
temperature values for the same system,

A theoretical investigation was undertaken to determine what quan-
tities, if any, might be measured by such a combination of electrochem-
istry and calorimetry and to provide a basis for the experimental inves-
tigation. Recourse was taken to the thermodynamics of irreversible
processes as applied to electrochemical process since classical thermo-
dynamics is unable to treat irreversible electrochemical cells.

It was necessary that extensive instrumentation be used to make
simul taneous measurements of both elegtrical and heat quantities. A
preliminary determination of the magnitude of the temperature changes
at electrodes during eleotrolysis provided the basis for the completion

of the experimental apparatus.
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The systems chosen for study were the well known copper-aqueous
copper sulfate and silver-aqueous silver nitrate systems. It was hoped
that these two systems would provide a check with each other and, in
addition, also furnish a link with the quantities obtainable by classical
thermodynamic methods.

It was desirable that the accuracy of the calorimetric techniques
be checked by de‘bermining the enthalpy change involved for a reaction
for which this quantity is well known. To prove this point, the enthalpy
change involved in the decomposition of water was determined by the

method described in this dissertation.



CHAPTER II

THEORETICAL DISCUSSION

A. Classical Thermodynamics as Applied to Electrochemical Cells

The limited discussion of classical electrochemical thermodynamics
which is given here is covered thoroughly in most physical chemistry
textbooks. This material is included to serve as a comparison to mate-
rial which will be given in a later section and also to emphasize the
limitations and restrictions which are imposed upon the classical thermo-
dynamic methods. Historically speaking, the classical thermodynamics of
electrochemical cells has its foundations in the brilliant work of such
men as Nernst, Gibbs, and Helmholts.

Before introducing electrode potentials as definite quantities,
it would be well to indicate some of the well known relations between
enthalpy, H, free energy,* F, and entropy, S. The total free energy has
its basic definition in the equations

F=H-TS, (1)
or, in terms of finite changes at constant temperature:

AF = AH - TAS. (2)
Equation (2) is one of the most general relationships of classical thermo-

dynamics and is valid for any isothermal process. This is a direct re-

®eFree energy" as used in this dissertation denotes the Gibbs free
energy as defined by equation (1).
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sult of F, H, and S, all being thermodynamic quantities; that‘is, they
are dependent only on the state of the system and changes in these
quantities are entirely independent of the path taken between initial
and final states.

The change in free energy for a process is related to the net
useful work, whet,rev.’ at constant temperature and pressure by the fol-
lowing equation:

AF = - Wpet,rev. - (3)
Note that the work must be that obtainable under reversible conditions
and at constant temperature and pressure. Another very useful equation
is that for the temperature coefficient of the free energy. This equa-

tion is:

(ggl’)phAs, (k)

where T is the absolute temperature, and the subscript p indicates a
constant pressure process. Here again equation (L) is valid only for a
reversible transformation at constant pressure. Equations (2) and (L)

may be combined to give one form of the Gibbs-Helmholtz equation:

AF = AH #+ T (—%—%’i—)p . ‘(5)

Although this is a very useful equation, it is restricted to reversible
processes occurring under conditions of constant pressure and tempera-
ture.

The relationships between electrochemical processes and thermo-

'dygamics stems from equation (3) which, when written in terms of elec-



trical energy becomes:

oF = - nFE (6)
where n is the number of electrons involved in the process, 3 is the
Faraday, and E is the reversible electrode potential. It should be
emphasized that the electrode potential as represented in equation (6)
is that which would be obtained under strictly reversible conditions.
Combining equation (6) with (5) gives the more familiar form of the

Gibbs-Helmholtz equation:

AH=-n3£;Ir nFT -%-E.r—)p ' (7

This also gives the relation between the entropy and the electrode po-

tential as beings

| T Jo B
One other very importaht equation in electrochemistry is the Nernst

equation. This equation, which may be derived from either thermodynamics

or kinetics, is:

c.d
E= 80 P - 8n8p. o - (9)
ajsa
nF o R

for a reaction such as

aA+bB+, ., .=c0+dD+ ... . (10)
In equation (9) the superscript o refers to the standard state revérsible
potential, R is the gas constant, and a: is the activity of A raised to

the appropriate power a.
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Thus it may be seen that measurement of electrical potential and
its variation with temperature will yield values of AH, AF, and AS, all
of which are very important thermodynamic quantities. It should also be
pointed out that thermodynamic activities are readily available from
equation (9).

The use of the above equations is limited by the conditions under
which they are applicable. The conditions of constant temperature and
pressure, although limiting, are not too stringent. All of the above
equations, with the exception of (1) and (2), are limited to strictly
reversible conditions. It:;s this restriction which imposes the most
serious handicap on the use of classical thermodynamics to solve electro- -
chemical problems.

It should be noted that no distinction has been made between cell
potentials and single electrode potentials. This is because the given
equations are applicable to both potentials provided suitable reversible
potentials can be measured. This last provision explains why So many
electrocheﬁists have spent so much time in quest of the elusive absolute
single electrode potential.

The preceding paragraphs are intended to stress not only the im-
portance of classical thermodynamics as applied to electrocheﬁical systems,
but also some of the more serious shortcomings of the classical line of
attack. In view of these shortcomings, several attempts at a new method
for the study of electrochemical problems have appeared in the literature.
These same shortcomings have led to the method of attack which is de-

scribed in this dissertation.
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B. Electrochemical Cells From an Energetic Viewpoint

A concept which attempts to be more general than traditional
thermodynamics is that of energetics. The most important work in this
field is Bronsted!s monograph.hs Accoraing to Bronsted!s energetics,
the first and second laws of thermodynamics may be replaced by two new
principles; (a) the work principle and (b) the heat and equivalence
principle. The work principle is restricted to reversible processes
while the heat and equivalence principle may be used in considering
irreversible processes. Entropy is introduced without defining it in
terms of heat. All process are considered ‘as having a "potential
difference" as the motivating force. Another important concept of
energetics involves relationships between entropy production, entropy
change due to reversible processes, and entropy change due to irrevers-
ible processes.

In a consideration of electrochemical cells, energetics holds to
the tenet that irreversible processes must always be present even though
their extent may be small when compared to the cell process which is
generally considered to be reversible. Electrode reactions are taken as
analogous to Peltier heats in thermoelements. Peltier heats, however,
are not identical with the reactions as thermoelementé and galvanic cells
have different energetic mechanisms. In the thermocell the electron is
associated with a certain amount of entropy while in a galvanic cell the
electron is associated with an electroactive substance. One of the main
differences is that the classical method is based on electrical potentials

while the energetic mechanism is based on the electrochemical potential.
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Another striking difference between the classical and energetic view-
point is in the location of the “seat_“ of the electromotive force.
From the classical standpoint, the "seat" is taken as the metal-electro-
1yte boundary. The energetic mechanism holds that the "seat" is located
at some region of "disequilibrium" in the electrolyte, e. g., at the
liquid Junction in a concentration cell.

In spite of these widely different concepts, the equations deriv-
able from the energetic mechanism are' entirely equivalent to those ob-
tained from the classical method of attack and therefore will not be re-

peated here.

C. Irreversible Thermodynamics of Electrochemical Cells

1. The Work of de Groot

The thermodynamics of irreversible thermodynamics as developed by
de Groot in his bool:)‘6 is based on Onsager's reciprocal re].'a'l;:l.ons.,"7 As
a matter of fact, most of the work on irreversible thermodynamics is
based on Onsager's relations. Onsager'!s theorem is essentially a state-
ment that, provided a proper choice is made of the "fluxes" (or "flows")
and "forces", the phenomenological coefficients of two mutually inter-
ferring irreversible processes are equal.

A fundamental tenet in de Groot!s treatment of irreversible thermo-
dynamics is the concept of entropy balance. In this entropy balance, the
total entropy change of a system is considered as being made up of two

parts. One part is due to the entropy exchange with the surroundings.
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The second part is the internal entropy production due to the irrevers-
ible processeé occurring inside the system. The calculation of the
entropy production is based oﬁ two fundamental assumptions. The first
of these is that the entropy production is positive. Thé other funda-
mental assumption is that Gibbs' relation is valid in systems not at
thermodynamic equilibrium, This is equivalent to assuming that entropy
depends only on energy, volume, and concentration.

Using these basic ideas, de Groot gives a brief description of
electrochemical systems. In these derivations, he takes recourse to the
concepts of electrochemical potential and electrochemical affinity,
terms which are not unique to his method. By proper choice of "flux®
and "force®, de Groot arrives at the conclusion that the entropy pro-
duction may be formulated in terms of the electrochemical affinity. At
the conclusion of de Groot's treatment of electrochemical systems, he
demonstrates that all of his generalizations reduce to the classical re-

sults for the special case of thermodynamic equilibrium.

2. The Work 9_@'_ hig_ggine

Except for his rather elegant treatment of stationary non-equilibrium
states as being states of mindmum entropy production, Prigogine__'s treat-
men'l’.h8 of the thermodynamics of irreversible processes is identical to
that of de Groot.’"6 His results were identical also and, therefore, will

not be considered further.
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3. The Work of Van Rysselberghe

The work of Pierre Van Rysselberghew’ 50

is the most complete of
the work on irreversible thermodynamics in relation to electrochemical
cells. In his treatment, Van Rysselberghe considers not only galvanic
and electrolytic cells, but also the phenomena occurring at single
electrodes. The first law of thermodynamics is essentially the same as
that obtained from the classical treatment. The second law for irrevers-
ible electrochemical cells is introduced on the basis of the uncompensated
heat and the power of irreversibility. This treatment also has a strong
basis in the concept of electrochemical affinity.

Van Rysselberghe considers the causes of irreversibility in an
electrochemical cell as being due to the Joule effect and to polarization.
Accordingly, he introduces equations which relate these two terms with
the "other quantities governing the behavior of electrochemical cells.

This generalization is extended to the single electrode processes and
the"- concept of anodic and cathodic currents. Simultaneous half-reaction
reactions at the same electrode may be shown to follow the same laws as

single reactions.

D. Irreversible Thermodynamics as Applied to Thermocells

1. The Work of Holtaml
The basic method of attack used by Holtan in his derivation of
working equations applicable to thermocells is identical with that used

by de Grooth6 and 1"rigog:ine.h'e Holtan'!s derivation will not be given
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here but the final results and some special cases are of importance
and will be considered.

The general equation for the thermopotential, A(pt’ of a thermo-

cell is:
n n-1 a
. b k LGy AT
-2 ) & T ey w &
3
- Q; AT - ASAT . (11)

In this equation, t) is the transference mumber of the kth component,
Zx is the charge on the kth component, uy is the chemical potential of
k, Cj is the concentration of J, Q'; is the molar heat of transport of k‘
and Q: is the molar heat of transport of the electron. The other symbols
have their usuil meaning. Thus it may be seen that the total thermo-
potential is made up of four separate terms. The first term on the right
hand side of equation (11) is the thermal diffusion potential due to con-
centration gradients (‘the Soret éffect). The second term is the contri-
bution caused by the transport of heat by the ‘charged species moving
under the influence of the current. The influence of the electron is
glven by the third ’teru.x. The last term gives the classical contribution
to the thermopotential, i. e., the entropy change of the electrode reac-
tions.

For the special case of a metallic thermocouple, equation (11) re-

duces to

:}A('Dt = (Aq*g/'r - BQ:/T) AT + (Ase - Bse) AT (12)
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where A and B refer to the two metals of which the thermocouple is made.
Equation (12) is equivalent to the expression derived by de (}root,.)"6

For thermocells with fused or solid electrolytes and with two
charged corqponents, the general equation reduces to

2
- PR, Z te | Ok Qe
A(pt T (—-z—k—) T AT - -T—- AT - ASAT (13)

For thermocells in which the Soret effect is present, the general equa-
tion (11) must be used. If the Soret effect is hindered and only two
charged species are present, the general equation again reduces to (13).
It is interesting to note in connection with heats of transfer that Lange
and Hesse?© had previously noted that these quantities are related to
the transport number. That their conclusion was correct is obvious from
Holtan's general thermocell equation (11).

In all cases in which the necessary experimental data are avail-
able, the above equations accurately describe the behavior of all types

of thermocells.

2. The Work of Hassehz’ L3, Lk

The general method of attack used by Hasse is the same as that
employed by Holtan. However, in Hasse's study much more emphasis was
placed on heat and entropies of transport. Making allowance for the
solvation of ions, Hasse shows that it nmay be possible to determine the
entropy of transport from electromotive force measurements on thermo-
cells.w" His study still leaves the concentration and temperature de-

pendence of heats of transport open to question.
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E. Development of the Working Equation

The line of reasoning used to develop the working equation is
essentially that given by Van Rysselberghe.w’so The first and second
laws of thermodynamics for operating electrochemical cells are combined
to give a final working equation. The system considered here is the
same as that used by Van Rysselberghe and is shown in Figure 1. In
this system a" and a' are identical. As an alternative, the contact to
the electrodes a and a' could have been made by two pleces of a third
metal. The reason for this precaution is given later.

The potential differences considered here are differences in in-
ternal potentials or Galvani potential differences. These are related

to the outer (or Volta) potentials, W s and the surface potentials, X,

by

Y-+ x (1L)
where SD is the Galvani potential. This is'in accordance with the
definitions proposed by Langesl in his work on the different types of
electrical potentials present in an elecbrc;t_:hend.cal systemn.,

The thermodynamic system dealt with here is a"aBp'a’. ‘This con-
stitutes a closed system since the same number of electrons leave a" as
enter a'. The contacp between a and B aﬁd between a' and B' constitutes
what' is usually termed the electrochemical double layer. In the absence
of an electric current, the layer.a'f' (or aB) is only a few molecular
diamet',ers thick. The passage of an electric current results in an ex-

tension of the layer a'B' to a considerable distance (in comparison to
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Figure 1. Model Used in Development of Working Equation.l
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a few molecular diameters) from the eiectrode a'.

The electrodes are composed of a metal M. The electrolyte is
an a‘i;ueous solution of the metal salt MK in which X is not electro-
active. If the current is flowing in the direction indicated, the
reaction

M= Miaq.) * *(a) o
is taldng place at a and the reaction

I‘rza.q.) * C(qr) T M (16)

is occurring at a'. The electrode a is then functioning as an anode
and a' is a cathode. It is not necessary to assume the electrode reac-
tion (15) and (16) are the reverse of each other as the relationships
given below are valid for any electrolytic reactions.

The positive current, I, is given by

F —-a-———gfl" ()
where dng is the moles of electrons flowing from a" to a' in time dt.
Using modern conventions, the flow of electrons and the flow of positive
current are in opposite directions. :

During the time dt the internal energy of the system increases: by
an amount dE. In the same time interval, the system receives an amount
of heat, dQ, from its surroundings and does a corresponding amount of
work dW. The relation between these three quantities is

dE = &Q - ¥ (18)
This is merely a statement of the first law of thermodynamies. The term

dW may be broken up into several parts. The system does an amount of
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mechanical work, dWp, against the surroundings. This is given by the
equation

dWyp = pdV. (19)
Equation (19) restricts the system to operation at copstant pressure,
which is the condition under which most electrochemical reacfions are
carried out. An amount of electrical work, dWe), is done by the system.
This work corresponds to the transfer of dng moles of electrons from a®
to a' and is given by
@iy = F (P - ") ang . (20)
If a" and a' had not been identical, the éystem could also have done an

amount of chemical work, dWg, which is given by

de = ((ud' - ud") ang (21)
in which ug'and ug" represent the molar chemical potentials of the elec-
tron in a' and a", respectively. Since a" and a' are identical, dW,
need not be considered. Insertion of (19) and (20) into (1B) gives

@& = @ - pa¥ - F ((P*' - (p°) an, (22)
as the statement of the firat law.

From the second law of thermodynamics

R
ds = - (23)

for any reversible process. However, this is not true for any real
process. IFor a real isothermal process, one may introduce the uncompen-
sated heat, dQ', as

dQ' = TdS - Q30 . (2k)
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The uncompensated heat may be related to Prigogine's concept of

entropy production. L8

The total entropy production, dS, may be regarded
as the sum of two contributions: dgS, due to heat exchange with the
surroundings, and dyS, resulting from irreversible phenomena within the

system. Thus one has

dS = deS + 445 . (25)
By comparison with (24) one sees that

a3 = - (26)
P |

4s--3—->o0. (27)

Following Prigogine, the entropy production is the rate of increase of

entropy due to the internal irreversible phenomena. This glves

4s . _da!
it Tds (28)

The ratio of Q' to dt is known as the power of irreversibility,w By

and is related to the other quantities by

S A0
T Tat | Tdt

" : (29)

By substitution of these quantities into (24), one obtains
R = TdS - Pdt . (30)
This may then be inserted into (22) to give
dE = 145 - Pdt - pdV - F(P* -¢F") an, . (31)
Rearranging (31) ylelds
- Fp* -()a““)dne=dE+pdﬁ-Tds+Pdt,. (32)
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From classical thermodynamics (for a constant pressure process)
dH = dE + pdV . (33)
Therefore equation (32) becomes
-F(p*' - ) dng = aH - Tas + Pat . (3)
The term dne may be eliminated by rearra.riging (17) to give

Idt | |
e doie S (35)
which, when substituted into (34) gives
- (p* - (po") Idt = dH - TdS + Pdt . (36)
However ((p(II - ()0“" ) is the measurable potential difference, E , between
a' and a®, This gives
-£Idt = dH - TdS + Pdt . (37)
The power of irreversibility, P, may be divided into two terms, the
irreversibility due to the Joule heat, and the irreversibility due to
polarization. Therefore
P = RIZ + B, ‘ (38)
where R is the ohmic resistance of the system and Pp is the power of
polarization. Since it is a power term, i’p may be set equgl to the
product of the polarization, q , and the current. This gives
-£Idt = dH - TdS + RI%dt + )) Idt (38)
in place of (37). This equation may be integrated to give
-E1t = AH - TAS + RI%t + W It (39)
for finite changes.
In the integration of (38), a few assumptions have been made

which should be mentioned. The assurhption of constant temperature and
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pressure has previously been made in the preliminary equations. It
has also been assumed that E , I, R, and n do not vary with time.
Such is not necessarily the case. This may be circumvented by speci-
fying that (39) is valid only under conditions of constant current.
The value of £ is then fixed by Ohm's law while P‘ is also known to
be constant at a constant current. 7] will vary with t for a short time
after the current is turned on. This corresponds to the time necessary
to build up the transition layers a'B' and aB. However, such variations
will be small in comparison to the total product of n It.

AH and AS are not necessarily molar quantities. The magnitude of
these quantities will be governed by the product It, that is, the extent
of the electrolytic reactions. ‘The negative sign in the term £ It
appears because the equation refers to the ability of the system to do
work. The heat, Q, given off by the system is given by

Q = -Tas + RI% + NIt . (4o)
This arises because of the definition of the uncompensated heat given in
equation (2l).

The polarization,fl » includes any and all types of polarization
in the system regardless of whether they are ohmic, activatidn, or con-
centration. In this respect, it should be repeated that Richards’ has
definitely proven that polarization appears as a heat effect and does no
chemical work. Bruzsl7 also noted in his experiments that concentration
polarization had an effect on the Peltier heat at a working electrode.

From a classical thermodynamic point of view, equation (39)

appears to be of the correct form. The corresponding equation for a
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completely reversible system is

-EIt = AH - TAS = AF ., (L)
Now if the system is not reversible

-EIt ¥ AH - TAS = AF . (42)
However, one can simply add terms to the equation to make it correct
again. The logical choice would be to add a term corresponding to re-
sistance and one corresponding to polarization to give the correct re-
sult. Such a treatment does not, however, hring out such facts as:
(a) that the degree of irreversibility is related to the reaction rate
and (b) that the entropy production due to internal irreversible proc-
esses 1s given by

di8 RIZ + NI

dt T

s (L3)

It would be helpful now to look at some of the quantities which
may be obtained by the experimental application of equation (39). Ex-
perimentally the two quantities to be measured would be the energy input,
- £ It, and the heat given off by the system. The difference between
these two qzé.ntities would give a value of AH directly. A knowledge of
any, two of the three terms involved in the sensible heat effect would
give the remaining one. Thus it should be theoretically possible to ob-
tain values of AH, AS, and f] from comi)ined electrical and thermal meas-
urements on a working electrochemical system. A knowledge of AH and AS
would allow one to obtain a value of AF. From this, one could calculate
the reversible pote_ntial corresponding to the reaction taking place. It

should be noted that values of l] obtained by the above method would not
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be referred to a static potential as is the case with all of the values
obtained by EMF studies of polarization.

If equation (39) is assumed to be valid for a single electrode
system, some interesting results could be obtained. Thus measurements
such as the above should lead to a value for the absolute potential of
a single electrode reaction. The absolute electrode potential is a
quantity which has been in dispute since the beginning of electrochemistry.
Guggenhein®2>53 has taken the position that such potentials have no physi-
cal meaning and therefore cannot be measured. Recently, theoretical
electrochemists have taken the viewpoint that such absolute electrode
potentials could be calculated in principle. However, in his work on the
electrochemical double layer, (}z'ahameSh has defended the older point of
view as taken by Guggenheim.

Single electrode potentials are not necessary to describe a complete
electrochemical cell from a thermodynamic viewpoint. However, in studies
on electrode kinetics and in all cases where interfacial electrical fields

are investigated, absolute single electrode potentials are :meort;axﬂ‘..55

F. The Relationship Between Thermocells and Isothermal Cells

The majority of the work which has been done on the correlations
between thermocells and isothermal cells has been reported by Holtan.3h’ 56,57

Consider the isothermal galvanic cell «

My MA(gq,)3 A, (lk)

in which MA is a univalent salt. The temperature coefficient of this
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cell is given by

The pure thermocells corresponding to (LL) are:

A; MA(gq.)3 A (L6)
T T + AT
.and
My MA(gq,)3 M . (L7)
T T + AT

If the Soret effect is hindered and one neglects the transport of water
by the ions, the thermopotentials of (46) and (47) are given by:
of 3 e + # '
}(BTp—-tsl‘-ts;*-Ase+SA'-sA (L8)

for cell (L46) and

for cell (47). If one now subtracts (L49) from (48) one obtains
: 3 #*
:}’(—g%—) _g(_%g.) =Sy~ Byr <8y =Sy ¥e v 4% - (50)
, PL6 PL7 : ,
This result is identical with equation (L45) except for the entropies of
transfer of the electrons. However, according to Holtan, ,,sg - AS: is
simply the thermoelectric power of the thermocoxiple which would be formed

from M and A. Relationships such as (50) have been tested experimentally

by Holtan and Krogh-M0057 and found to be true within experimental error.

This indicates that the entropies of transfer of ions and electrons

have no effect on the operation of isothermal cells.



CHAPTER III

EXPERIMENTAL

A. Materials

1. Copper Sulfate

A1l of the copper solutions used in this work were prepared from
the pentahydrate of copper sulfate. Baker and Adamson reagent grade

copper sulfate was used without further purification.

2. Potassium Sulfate

Baker and Adamson reagent grade anhydrous potassium sulfate was

used for the preparation of all potassium solutions.

3. Sodium Sulfate

All sodium solutions were prepared from anhydrous Baker and Adamson

reagent grade sodium sulfate.

L. Sulfuric Acid

Du Pont C. P. reagent grade sulfuric acid was used in the prepara-

tion of all solutions which contained sulfuriec acid.

5. Silver Nitrate

Baker and Adamson reagent grade silver nitrate was used for pre-

paring the necessary silver solutions.
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6. Q@elatin
Chemically pure gelatin (E. H. Sargent and Company) was used

for the preparation of all gelatin solutions.

7. Solutions

Solutions of copper, potassium, sodium, and silver were prepared
by weighing the required quantity of the appropriate salt, dissolving
in distilled water, and diluting to volume in volumetric flask. Com-
mercially available sulfuric acid was diluted to volume to obtain the
necessary sulfuric acid solution. Gelatin solutions were prepared by
weight from solid gelatin. The gelatin was dissolved in previously
boiled distilled water and used within twenty-four hours to prevent con-

tamination by bacteria.

B. Preliminary Experiments on the Temperature Rise at Electrodes

During Electrolysis

1. Apparatus
Two copper electrc;des, separated by plastic spacers, and contained

in a 500 ml. cork-stoppered Dewar flask served as an electrolysis cell.
A 110 volt A. C. power supply, equipped with transformer and rectifier,
served as a source of electrolysis current. This supply had a maximm
voltage output of 12 volts D. C. and the output current contained a
large amount of ripple. This was subsequently replaced by a D. C. gener-
ator operated by a three phase 220 volt A. C. motor. This generator had

a maximum output of 15 amperes at 75 volts D. C. and contained a smaller
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amount of ripple. This allowed electrolysis at a much higher current
density than was possible with the previous power supply. In either
case the D. C. voltage source was connected to the electrolysis cell
through a 100 ohm variable resistance and a 0-1000 milliampere ammeter.
This permitted manual control of the electrolysis current at a pre-
selected value.

To detect the temperature change, a Beckmann thermometer was
placed behind each electrode. These thermometers were held in place by
the cork stopper of the Dewar flask. A stop watch was used to time the

duration of the electrolysis runs.

2. Procedure

A1l of the preliminary experiments were carried out using copper
electrodes and copper sulfate solutions. Two hundred milliliters of the
copper sulfate solution was pipetted into the Dewar flask which contained
the electrodes and thermometers. The system was then allowed to stand
until thermal equilibrium had been attained, as evidenced by the constancy
of the Beckmann thermometer readings. The current was switched on at
time zero and quickly adjusted to the preselected value. Readings of the
two Beckmann thermometers were taken at two minute intervals throughout
the duration of the electrolysis. The period of electrolysis was usually
thirty minutes.

Results from these experiments showed that a much more sensitive
temperature sensing device was needed, preferably a differential arrange-
ment with a short time lag. It was also recognized that a much more rigid

and reproducible electrode arrangement was needed.
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C. Temperature Difference Measurements on the Copper-Aqueocus Copper
Sulfate System

. Ap_garatus

a. Thermistors. Thermistors were chosen as the temperature sens-
‘:Lng devices in order to meet the requirements of stability, sensitivity,
size, and small time lag. A matched set of Victory Engineering Corpora-
tion number 32A1 thermistors was 'chosen for the differential temperature
measurements. These thermistors have the following characteristics:

Resistance at 25° 2000 ohms % 20 per cent

Dissipation constant 1.0 milliwatts/°C.

Time constant 25 seconds
This thermistor is commercially available as a glass-enclosed.probe which
is 2 inches long and 0.100 inches in diameter. Electrical connection to
the thermistor is accomplished by leads of 0.012.tinned Dumet.

Prior to incorporating these thermistors into the electrical cir-
cuit, they were aged for two weeks at 160°, then current of twice the
amperage used in the actﬁa.l experiménts was passed through the thermistors
for two to three days. This Qging treatment compleiely stabilized the
thermistors and prevented any drift during actual operation.

To protect the thermistors against mechanical shock, they were
enclosed in a protective shield which consisted of a piece of glass tubing
9 cm. in length ’a.nd 5 mm. diameter. The glass shield was sealed at both
ends with deKotinsky cement in such a way that only the tip of the
thermistor and the leads protruded. The seal served another useful pur-

pose. It prevented the accidental shorting of the thermistor by moisture.
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Two matched sets of these thermistors were prepared in the above
manner as it was desired to make simultaneous measurements of two dif-
ferent temperature differences.

b. Power supply. It was desired that the thermistor be incorpor-
ated into a Wheatstone bridge circuit and the output voltage of the
bridge be the quantity measured. Further, it was essential that the
bridge output voltage be a function of temperature difference between
the thermistors. To make these tamperature difference measurements pre-
cise and accurate, it was mandatory that the voltage source to the bridge
be a constant value.

The first attempt in this direction was the use of three 1.5 volt
dry cells connected in parallel. Power was then applied to the bridge
through a potential divider. This proved entirely unsatisfactory because
of the lack of stability and the necessity of making frequent adjustments
of the potential divider. A 2 volt lead storage cell was then connected
to the bridge circuit through a Leeds and Northrup K potentiometer. This
gave excellent stability but it was necessary to restandardize the
potentiometer quite frequently. These two attempts showed that it was
highly desirable to have a continuously regulated low voltage power supply
of excellent stability.

To meet this demand, the low voltage power supply described by
Greenough, Williams, and ‘l‘q}'lors8 was constructed.® This instrument

proved to be ideally suited for the above application. It was found that

*Constructed by Gerald Raine of this laboratory.
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somewhat better voltage control could be obtained by shunting the ocut-
put terminals with a 50 ohm resistance. The output voltage could be
set at any preselected value from O to 8 volts and could be checked
with a potentiometer. Output of this instrument had a ripple content
of only 0.l per cent and long term variations in the output voltage were
less than 1 mv for a 1 volt output. The power supply was always allowed
to warm up for a period of about thirty mimutes before use.

c. Bridge circuits. Two separate bridge circuits were used for

the temperature difference measurements. The thermistors were connected
in opposite arms of Wheatstone bridge circuits as shown in Figure 2.
One of these circuits (No. 1) was used to measure the temperature dif-
ference between the anode and the cathode. By moving the thermistor from
the anode into the solution, it was also possible to measure the dif-
ference in temperature of the cathode and the bulk of the solution. The
other bridge circuit (No. 2) was used to measure the temperature dif-
ference between the anode and the solution. R and Ry were 2200 ohm,
1/2 watt radio resistances, while Ry and R3 were Heathkit decade resis-
tance boxes (0 to 99,999 ohms). R3 was the 50 ohm, 2 watt radio resis-
tance used to shunt the output terminals of the voltage supply. Ty, To,
T3, T), were the thermistors. T; and Tp were one matched set while T3
and T) were the other matched set.

Ry and R3 were used to adjust the initial unbalance potentials as
close to zero as possible. This permitted the use of a lower range on
the Leeds and Northrup K-3 potentiometer, thereby increasing the sensi-

tivity of the circuits. This potentiometer was used to measure the un-
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Figure 2. Bridge Circulits Used in Temperature Difference Measure-
ments.
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balance potentials to 0.001 mv. A Kin Tel Model 20LA electronic gal-
vanometer was used as a null detector. This instrument was ideally
suited for this purpose because of its high sensitivity (2 x 10-1 amps.
per scale division), fast response, and excellent stability. The same
potenticmeter was also used to set and check the Outp‘l;lt voltage of the
power supply at 1,000 volts.

The unbalance potential of a Wheatstone bridge circuit may be

represented by the equation,

Eo = By

- R T 58
T, + T2 ~R]_032) (1)
where Eg is the unbalance potential, Ef i1s the bridge :anui voltage,

and the other symbols refer to Figure 2. From (1) and the negative
temperature coefficient of resistance of the thermistor (approximately
Lk per cent per degree) the bridge circuits were calculated to have sen-
sitivities of approximately 10 mv. per degree temperature difference be-
tween the thermistors. As the unbalance potentials were measured to
0.001 mv, this corresponded to temperature differences .of approximately
0.0001°.

Ideally the calibration of the thermistors should be carried out
using platinum resistance thermometers. Since these were not available,
the sensitivity and linearity of the bridge circuits were checked using
Beckmann thermometers. The two thermistors were placed in separate
water-filled, cork-stoppered Dewar flasks. A Beckmann thermometer was

then placed in each Dewar, and the unbalance potential of the bridge was

measured as a function of the temperature difference as determined by
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the Beckmann thermometers. By this method the sensitivity of bridge
No. 1 was found to be 9.65 mv per degree while the sensitivity of
bridge No. 2 was 9.25 mv per degree as accurately as could be measured
by the Beckmann thermometers. The change in bridge unbalance potential
was found to be linear with temperature difference over the range of
temperature differences measured in this work. The sensitivity and
linearity are shown in Figure 3, in which the unbalance potentials of
bridge No. 1 and bridge No, 2 are plotted as a function of temperature
difference as determined by the Besckmann thermometers.

d. Cell and electrode. In order to obtain reproducible results,

it was necessary that (a) the electrodes be maintained at a fixed posi-
tion with respect to each other, and (b) that a definite reproducible
electrode area be exposed to the solution., With this aim in mind, the
electrolysis cell shown in Figure 4 was constructed. Lucite of 1/8 inch
thickness was used for the construction. The cell was cemented together
with a solution of lucite in acetic acid. The cell was constructed to
fit snugly into a SOO ml. Dewar flask., The exposed area of each eiectrode
was 19.35 8q. cm. ‘

The copper electrodes were hollow, rectangular par&lielopipeds
(3 x1-5/8 x 5/16 inches) and contained an aluminum well to position the
thermistors. These aluminum wells provided for reproducible placing of
the thermistor probes and afforded good thermal contact with the elec-
trodes. This arrangement also made it a simple task to move a thermistor
from the electrode into the solution whenever it was necessary to measure

the difference of temperature between an electrode and the solution. The
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same two electrodes were used for all of the temperature difference
measurements.

e. Electrolysis circuit. A 32 volt battery pack (lead storage

cells) was used as a source of direct current for most of the electrolyses.
A few of the experiments required such a high current density that the

D. C. generator used in the preliminary experiments was substituted for
the battery pack. The current source was connected to the electrolysis
cell through a 25 ohm potential divider and a 100 ohm variable resistance.
This enabled one to manually control the electrolysis current at any
selected value. This was found to be sufficiently constant to give repro-

ducible results.

2. Procedure

For all of the measurements, 200 ml. of copper sulfate solution was
used. A precisely constant volume of solution was not necessary to obtain
reproducible results for determinations of temperature differences between
the two electrodes as long as the entire electrode area was covered. How-
ever, when the temperature of the solution was involved in the measurements,
it was necessary to use a constant volume of solution. Because of this,
the same volume of solution was used in all of the experiments.

For measurements of the temperature differences between the elec-
trodes and the solutions, the solutions must be brought to the same tem-
perature before the start of electrolysis. This was also the case when
measuring the temperature difference between the cathode and the anode

whenever room temperature varied more than 2 or 3 degrees during the course
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of the experiment. For these measurexﬁents, the solutions were
placed in a water bath (set at 30.0° * 0.02°) before being pipetted
into the Dewar flask (which was also contained in the water bath).

Before insertion into the solution, the cathode was cleaned by
rubbing it with emery cloth and then dipping it into concentrated -potas-
sium cyanide solution for fifteen seconds. In cleaning the anode, it
was found necessary to dip it into the cyanide solution for fifteen
seconds. This procedure was necessary to obtain reproducible results
on the temperature difference measurements. .

After the solution was pipetted into the Dewar flask, the clean
and dry electrode, cell, and thermistor gssembh was inserted into the
flask and the electrode and thermistor leads connected. The bridge
voltage supply was connected at this point. The entire assembly was
then aliowed to stand for fifteen mirmutes after inserting the cell
assembly before starting the electrolysis. This period was necessary
for two reasons. One, thermal equilibrium must be attained in the solu-
tion. This was determined by the constancy of the unbalance potential.
Two, polarizationv characteristic of the electrodes change with time and
become constant after about ten mi.nu'l;es.5 9 ’

After this initial waiting period, the electrbljsis current was
turned on and the current manually ad*fusted to the selected value (usually
300 ma). The current was manua.ll& controlled at this value for thg entire
electrolysis period. This period was ten minutes in nearly all cases.
Readings of the unbalance potential of the bridge circﬁit were taken every

thirty seconds for the first two minutes and then at two minute intervals
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for the remainder of the electrolysis period. The difference ‘between
these potentials and the steady unbalance potential before the start
of electrolysis gives the temperature difference in mv. This value can
be divided by the bridge sensitivity jl',o obtain the temperature difference
in ldegrees. Since the primary interest was in the relafive values of the

temperature differences, the temperature differences were recorded in mv.

D. Calorimetriec Studies

1. Apparatus
The design and construction of the apparatus used in the calori-

metric studies were governed by the quantitie‘s which were desired to be
measured. These duantities were the heat liberated at each electrode,
the heat capacity of the calorimeter, the voltage drops across the elec-
trodes and probe, the electrolysis current, the heating current, and
heating and electrolysis times. It was also necessary that both elec-
‘trodes remain 'i‘sothermal with regpect to each other in order to avoid
any effects due to temperature gradients. _

a. Thermistors. The two thermistors used in the temperature con-
trol circuit were the same two used in bridge No. 1 in the pfeced‘l.ng sec-
tion and will not be discussed here. ,

The thermistor which functioned as a temperature sensing element
was a Carboloy D503. This thermistor had a resistance of 500 ohms at 25°
and a dissipation constant of 16.0 milliwatts per degree. The aging pro-

cedure carried out on this thermistor was the same as that described pre-
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viously. As the thermistor was supplied with no protective coating, it
was necessary to provide the thermistor with an inert‘ covering. The pur-
pose Qof this covering was to prevent shorting of the leads. This was
done by applying four coats ‘of glyptal resin to the thermistor, each coat
being followed by baking in a 160° oiren for twenty-four hours. The
thermistor was then sealed in a 9 cm. length of 6 mm. (diameter).glasé
tubing with deKotinsky cement so that only the thermistor and the in-
sulated leads were exposed. The result was a thermistor probe approxi-
mately 11 cm. in length which served as the temperature sensing element
in all of the calorimetric experiments. .

b. Standard resistances. Since the most convenient and precise

method for determination of currenf, strength is by measuring the potential
drop across a resistance, it was necessary to have reliable and accurate
resistances avallable. These were constructed from Advance resistance
wire which had a resistance of 2.94 ohms per foot. Advance was selected
because it has an extremely small temperature coefficient of resistance.
The resist#nces were constructed by winding the apprbpriate length of
Advance wire on buss fuses from which the conducting strips had been re-
moved. Contact was made by soldering the ends of the Advance wire to
the metal ends 'of the buss fuses. This afforded a convenient means of
mounting the resistances by soldering them in fuse clips. |
Each resistance was coated a number of times with glypfal resin,
each coating being followed by baking in a 160° oven. After moﬁnting,
the resistance value of each was measured with a four decade Leeds and

Northrup D. C. Wheatstone bridge. From observations of the extent of the
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galvanometer deflection, the fifth digit in the resistance values could

be estimated.. The resistance values were repeatedly checked throughout
the course of this work and showed no deviation on aging or heating.
Seven such resistances were prepared and their values will be given in
the discussion of the various circuits.

c. Temperature control circuit. The temperature control circuit

was the Wheatstone bridge No. 1 shown in Figure 2. The only difference
between this bridge and tﬁe Wheatstone bridge previously describéd was

that in this case the unbalance potential was measured by a Leeds and. .
Northrup K-2 potentiometer using a Rubicon galvanometer as a null point
detector.. Using the 0.1 range on the potentiometer, the sensitivity of
the galfanometer was such that a deflection of 1 mm. corresponded to a

temperature difference of approximately 0.001°.

The term "heater control circuit" may be somewhat misleading. The
deflection of the galvanometer only served to indicate whether the heater
in the outer section of the calorimeter should be turned on or off. Thus
the actual task of keeping the ﬁrb sections of the bélorimeter at the
same temperature was accomplished by the manual operation of a switech con-
trolling the heater.

d. Temperature measuring circuit. The temperature sensing circuit

was desig'ned'fc;r the purpose of obtaining an automatic record of the tem-
perature of the calorimeter as a function of time. The final circuit de-
sign is shown in Figure 5. This circuit was used for all of the calori-

metry experiments,
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Figure 5. Temperature Measuring Circuit.
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In this circuit R) and R2 were 500 ohm, 1/2 watt radio resis-
tances while R3 was a 470 ohm, 1/2 watt radio resistance. A Heathkit
decade resistance box, R), was used to ad:)ust the unbalance potential
of the bridge to approximately 1l mv'at bath temperature (30°). This
was accomplished by setting R), at 5300 ohms, a value which was not
changed throughout the course of the experiments. T was the Carboloy
D503 thermistor described previously. The input voltage, Ei, was from
the regulated low voltage power supply ﬁhich was set at 1,000 volts
with the K-3 potentiometer. _

The unbalance potential was fed to P, a Leeds and Northrup K
pbten‘biometer where a portion of the poieﬁtial was bucked out and the
remainder fed to R, a Leeds and Northrup Micromax recording potentiometer.
This recorder originally had a range of LO mv but this was a.lt;ered so
the recorder had an effective range of 0-10 mv full scale.

The range of the recorder and the ocutput and linearity of the
‘Wheatstone bridge circuit were tested extensively with the K-3 poten-
tiometer and a Beckmann thermometer. These tests showed that recording
errors were negligible. They also showed that the bridge had a sensi-
tivity of approximately 10 mv per degrqe and that a plot of mv versus
_f.emperature was linear over a 4° range (29-33°). Thus the temperature
measuring circuit provided an automatic ‘rvecord of the temperature of the
calorimeter which could be read to approximately i 0.001°. Temperatures
were recorded in millivolts, however, as there was no advantage to be

gained by converting them to degrees.
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e. Heating circuits. Heating in the calorimeters was accom-

p’]fishéd by the use of two essentially independent heating circuits
(Figure 6). The definitions of the symbols used in Figure 6 are given
in Table I. |

The heaters and dummy heaters were constructed from the same |
Advance resistance wire used in th? fabrication of the standard resis-
tances. The heaters were constructed by winding the appropriate length
of Advancé wire on a 3 mm. diameter” glass rod and seating with Sauereisen
(a 1iquid porcelain cement). The heaters were provided with #ppropriate
current carrying leQda-of copper magnet wire (B. and S. gauge 20). The
heating coils were then inserted into 9 cm. (for inner compartment heater)
and 1} ecm. (for outer compartment heater) lengths of 8 mm. diameter Pyrex
tubing which had been closed at one end with a test tube bottam. Light
mineral oil was poured into these tubes until the heating coils were
covered, This campleted construction of the two calorimeter heaters.

The resistance values of the heaters were measured with the same D. C.
Wheatstone bridge used for measuring the resistances of the standard re-
sistors. These values were checked periodically during the course of this
work. It was found that the resistances did not deviate from their orig-
inal values.

The dummy heaters were made by winding the necessary lengths of
Advance on porcelain cores and seating with Sauereisen. This was fol-
lowed by four coatings of glyptal resin. Each coating was baked in a
160° oven before applying the next coat. With the exception of fhe cal-

orimeter heaters, all resistances and the dummy heaters were mounted on
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TABLE I

DEFINITION OF SYMBOLS USED IN FIGURE 6

s R AR S T R

R, R3 25 olm, L4.5 amp. Rheostats

Ro 65 omm, 3.2 amp. Rheostat

R), 100 ohm, 25 watt Variable Resistance
B% 1.039%% ¥ 0.0002 ohm Standard Resistance
Rg L.7uk2 ¥ 0.000L4 ohm Standard Resistance
RZ(I,.O 8.347h % 0.0006 ohm Standard Resistance
Bt 1.0623 * 0.0002 ohm Standard Resistance
n{ 4.7907 * 0.0004 ohm Standard Resistance
r° 8.3610 * 0.0006 ohm Standard Resistance
Dy 15 olm Dummy Heater

Hy 5.0388 * 0.0005 otm Heater

Do 30 olm Dummy Heater

Ho 10.168 % 0.002 ohm Heater
8 30 volt D. C. Relay

B 32 volt Battery Pack

T Timer

P Leeds and Northrup K-2 Potentiometer

5

leeds and Northrup K-3 Potentiometer

s S — eascaes
S — s i e

Note: Subscript i refers to inner section of calorimeter while
o refers to outer section. =
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the same panel to provide compactness and easy accessibility of these
components.

The two heaters were designed to operate in the followihg manners:
the inner, compartment heater would be left on continuously during a heat
capasity run while the outer compartment heater would be operated inter-
mittently to provide just endugh heat to keep the outer compartment at
the same temperature as the inner compartment. Whether the two compart-
ments were at the same temperature would be indicated by the temperature
control circuit. The inner compartment heater could easily be timed
with an ordinary stop watch while the outer calorimeter heater required
a timer which would measure the total time during which the outer calo-
rimeter heater was on. This requirement was met by obtaining a 110 volt
60 cycle electric ti.mer.' The time was actuated by a 30 volt D. C. relay
which in turn was activated by the outer compartment heater switch as
shown in Figure 6. This was done to prevent the possibility of inducing
stray emf's in the heater circuit. The electric timer was checked
against a stop watch and no significant difference was found.
| The switching arrangement between the various potentials made it
possible to use the K-3 potentiometer for heat capacity calibrations and
the K-2 for calorimetric runs as the K-3 was then being used for other

purposes.
f. Electrolygis circuit. The working equation (39) in Chapter II

was derived for the condition of constant current. This condition could
be satisfied by (a) manual control of the current or (b) having an elec-

tronic device which would deliver a constant current irrespective of the
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load. Because of the practical limitation on the number of functions
which one operator can satisfactorily perform, the latter course was
chosen. “

To meet these requirements, the automatic coulometric titration
device described by Wise, Gille, and Reynoldséo was constructed.” Under
the conditions used in this work, this instrument furnished a constant
current with a maximum deviation of 0,004 per cent and an average devia-
tion of 0,002 per cent.
| The elgctrolysis circuit is shown in Figure 7. The reistance Rg
was a standard resistance prepared as previously described and having a
value of 5.127L4 * 0.0005 ohms. The switching arrangement made it possi-
ble to measure the potential drop between the probe and either electrode
or the potential drop across Rg to obtain a value for the current. The
electrodes and probes will be discussed in a later secéion.

g The calorimeter. As it was desired to measure the amount of

heat liberated or absorbed for a single electrode reaction, it was neces-
sary fo have the calorimeter divided into two sections. Thus the two
sections should be thermally insulated from each other as well as possi-
ble but should offer no appreciable barrier to the passage of ém-rent
between the electrodes. It was also necessary that the two sections of
the calorimeter be isothermal with respect to each other. This was
necessary to prevent such effects as the thermal diffusion potential,

the Soret effect, heats of transfer, and other thermocell phenomena.

*Constructed by Gerald Raine of this laboratory.
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The above were the basic requirements kept in mind while designing the
calorimeter.

The basic part of the calorimeter was a 500 ml., Dewar flask. Al-
though Dewar flasks are not very precise calorimeters, the restriction
of having no metal parts, other than the electrodes, exposed to the solu-

tion automatically limited the choice to a glass apparatus. In order to
provide the best possible thermal iﬁsulation, a silvered, vacuum jJacketed
glass cylinder was chosen for the innermost compartment of the calorimeter.
This oylinder was 10 cm. long, had an inside diameter of 2.7 cm., and was
open at both ends.

In order to isolate the two compartments of the calorimeter, one
end of the inner cylinder had to be closed with some material which would
afford free passage of an electrolytic current and still maintain a fair
degree of thermal insulation. The first material tried for this was
porous Vycor glass. However, for some unknown reason, this material in-
variably cracked on extended contact with the solution. This effect had
been noted previocusly by other workers.31 The next material tried proved
to be very suitable for the partition. This was. a Watman's filtering
pad. : Not only did this material provide a reasonable amount of thermal
insulation, it also offered negligible resistance to the passage of
current. vThe filtering pad was fastened to one end of the cylinder with
glyptal resin. This proved to be a suitable cement in that the partition
remained intact during a series of runs. The partition was changed only

when a different electrolyte was used.
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It was necessary that the calorimeter be provided with a cover,
support for the inner compartment, and entry for the electrical leads
and stirrers. This was effected by three machined brass plates, each
of which was 1/8 inch thick. The bottom plate was machined to fit
snugly over the top of f.he 500 ml. Dewar flask and was cemented to the
flask with "3M" cement™ as shown in Figure 8. The middle plate was de-
signed to provide support for the inner compar®ment while not blocking
entry into the outer compartment. The plate was cemented to the inner
compartment with "3M" cement and had the shape shown in Figure 9. The
top plate provided a cover for, and ports for entry into, the caloz':{m-
eter, The ports for entry into the calorimeter were made by soldering
L in. lengths of 3/8 inch copper tubing to the top plate. These tubes
provided openings for the electrical leads and the stirrers. The bottom
and top plétes wére grooved to provide seats for the "O" rings. The
0" rings served to séa.l the calorimeter against leakage of water from
the water bath into the calorimeter. The three plates were fastened
together with four bolts. This is illustrated in Figure 10.

Stirring for the calorimeter was provided by two stirrers fashioned
from 6 mm. diameter glass rod. The blade of the inner compa.rt.meht stirrer
was 1 cm. in diameter while the blade of the outer compartment stirrer
was 2 cm. in diameter. Both stirrers were driven by the same Sargent
stirring motor at a 6onstant speed of approximately 150 rpm. While
providing a fairly uniform temperature, this rate of stirring was not

enough to add a measurable quantity of heat to the calorimeter during an

*Weatherstripping adhesive manufactured by Minneapolis and Minnesota
Mining Go.
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experiment. This was demonstrated-by the fact that the calorimeter
reached the same steady state regardless of whether it was stirred or
not. This is in agreement with the experiment of White61 which showed
that a stirrer with a L cm. diameter propeller operated at 500 rpm.
causes a temperature rise of only 0.00006° per minute.

The arrangement and positions of the components of the calorim-
eter are illustratedin Figures 8, 9, and 10. The heaters, thermistors,
and electrodes were fastened to the sides of the calorimeter with "3M"
cement. Thie; was necessary to insure a rigid position of these components
throughout an experiment.

A water bath was used as the constant temperature jacket for the
calorimeter. This bath was set at 30.0° and had fluctuations of no more
than 0,001° during the course of a series of experiments. This water
bath was a commercial unit obtained from E. H. Sargent and Co. Some al-
terations were carried out to obtain the desired performance. A quartz
:.Lnfra.red heater was substituted for the off-on control heater in the
commercial unit. This quartz heater was ideal in that the time lag was
very small. The mercury thermoregulator was placed downstream from the
control heater to reduce overshoot of the bath temperature. Ihe thermo-
regulator was mounted off center from the stirring motor in ;fder to im-
part a vertical vibration to the thermoregulator. This had the effect of
being more like a continuous control instead of a simple off-on switch.
Ten per cent of the 200 ohm heater in the commercial unit was left on
continuously. This provided enough heat to keep the bath to within 1 to

2° of the desired bath temperature. The bath was also provided with a
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leveling device by means of which water was constantly added to compen-
sate for evaporation. All of the above factors are known to greatly
improve the performance of constant temperature ba.ths.62 The water
level of the constant temperature bath with respect to the calorimeter

is indicated in Figure 10.

h. Electrodes and probes. The copper and silver electrodes were
made from electrolytic sheet .meta.l. All electrodes used were circular
discs. All of the anodes had an area of 3.93 ecm.2. The area of each
cathode was 15.53 cm.2 with the exception of the platinum and a few of
the copper cathodes. These had an area of 3,93 cm.2. The back sides
of the electrodes were always coated with glyptal and baked.

The center probes were fashioned from small wires of the same
material as the electrodes. These probes were attached to the filtering
pad partition as shown in Figure 9. The potential difference between the
probes and the electrodes was zero in all cases under condition of zero
. ourrent flow.

i. Complete apparatus. The relationship of all the components

to each other is shown in the block diagram of the complete apparatus
(Figure 11). All leads and switches were mounted on a central control

board to provide for compactness and ease of coperation.

2. Procedure for Calorimetry Experiments

Prior to the assembling of the calorimeter, all of the components
were checked for shorts and breakage of seals. The electrodes were

cleaned as desoribed previously. The various components were then assem-
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bled as shown in Figures 8 and 9. The calorimeter was filled with
enough solution (approximately 350 ml) to submerge the components.
Stirrers were inserted and top balted on to give the completely assem-
bled calorimeter as shown in Figure 10. The calorimeter was then placed
in the constant temperature bath and the electrical leads and the stir-
ring motor comnected.

The calorimeter was brouéht to within ‘approaimatel,y 0.3° of bath
temperature with the heaters. With a few exceptions, the bath tempera-
ture was approximately halfway between the initial and final tempera-
tures of the calorimeter for all of the experiments. At this point,
final adjustment was made of the power supply, current source, and all
of the potentiometers were standardized. At the beginning of the fore
rating period, which was approximately thirty minutes in all cases, it
was necessary to make sure that the inner and outer compartments were at
the same temperature. This was done by noting the deflection of the gal-
vanometer associated with the potentiameter in the temperature control
circuit and manually regulating the heater in the outer compartment.

Up to this point, the procedure was the same for both heat capacity and
electrolysis runs.

To initiate the heat capacity measurements, the inner compartment
heater was turned on. Simultameously, the stopwatch was started. Values
of the potential drop across a standard resistance in the inner compart-
ment heating circuit were measured. When the temperature of the inner
compg.rhnent rose to 0.003 to 0.005° higher than the temperature of the

outer compartment, the outer compartment heater was turned on. Since
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there was a small amount of lag in the heater, the outer compartment
heater was turned off when the galvanometer indicated that the twa
compartments were at the same temperature. By this procedure, it was
possible to keep the two compartments at the same temperature within
approximately 0.005°. Large deviations were seldom greater than 0.01°
and never greater than 0.02°. Turning on the outer compartment heater
automatically activated the electric timer in the outer compartment
heating circuit and this timer recorded the total time that the outer
compartment heater had been on. During the time that the outer compart-
ment heater was on the potential drop across standard resistances in
both heater circuits were measured and recorded. This process was re-
peated as often as possible during a heat capacity run.

When the desired temperature rise had been attained (usually 0.k
to 0.7°) s the electrical heating was terminated. This was accomplished
by turning off the inner compartment heater with the outer compartment
approximately 0,003° warmer than the inner compartment. The heat left
in the inner compartment heating coil would then bring the two compart-
ments to very nearly the same temperature (usually less than 0.001° dif-
ference). Heating times were recorded from the stop watch and the elec-
tric timer. A thirty minute rating period completed the data necessary
for a heat capacity determination.®

In the electrolysis experiments, the only source of heat supplied

to the inner compartment was the heat effects caused by the passage of

*Preatment of both the heat capacity and electrolysis data will
be given in the Appendix.
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current through the solution. In addition to the heat effect of the
electrolysis current through the solution, it was necessary to add heat
from the heater in the outer compartment to maintain all parts of the
calorimeter at the same temperature. The outer compartment heater was
manipulated in the manner described above in order to keep the two
compartments at the same temperature.

The electrolysis experiments were initiated by turning on the
electrolysis current, the constant current source having previously been
set at the desired current strength. Throughout the course of the elec-
trolysis, the potential difference between the cathode and the probe, and
between the anode and the probe were measured and recorded. Each time
the outer compartment heater was turned on, the potential drop across a
standard resistance in the outer compartment heating circuit was measured
and recorded. At some convenient time during the electrolysis, usually
about half-way through the electrolysis, the current strength was measured
by measuring the potential drop across the standard resistance in the
electrolysis circuit (Pigure 7). When the desired temperature rise had
been achieved, the electrolysis was terminated. In this case, the elec-
trolysis current was turned off only at a time at which both compartments
of the calorimeter were at the same temperature. Electrolysis and heat-
ing times were recorded and a thirty minute rating period completed the
data for an electrolysis experiment. This is, of course, in addition to
the preliminary rating period.

In nearly all cases, the above two runs were followed by a heat

capacity run, an electrolysis run, and another heat capacity run before
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removing and tearing down the calorimeter.

3. Current Efficiency Studies

| It was essential that the current efficiency be 100 per cent in
all cases for the working equation to apply to a single reaction. In
view of this, it was decided to ascertain if the electrode reactions
were proceeding in a quantitative mannei‘.

To test this by experiment, copper and silver electrodes were pre-
pared in the same manner as previously described. These were then weighed
and immersed in the same solutions as used in the calorimetric experiments,
1._.’ e., copper electrodes in copper sulfate and silver electrodes in silver
nitrate. The two electrolysis cells were equipped with the same stirrers
used in the calorimetric experiments and connected in series in the elec-
trolysis circuit in place of the calorimeter. The electrolysis ocurrent
was then turned on and timed with the stop watch. The current was con-
tinuously monitored by measuring the potential drop across the standard
resistance in the electrolysis circuit. This care proved entirely unneces-
sary as all detectable deviations in the current were much less than the
error in.weighing the electrodes. At the end of about a tbdrty minute
electrolysis period, the electrodes were removed, rinsed, dried, and
weighed. Knowing the current strength, time of electrolyéis, and ‘loss or
gain of weight in the electrodes, the current efficiency was easily cal-

culated.



CHAPTER IV

RESULTS

A. Prelimnary Experiments

The preliminary experiments served merely to indicate some of the
important concepts to be kept in mind for the design of the apparatus
which was to be used eventually for the calorimetric measurements.
Attempts to repeat the results of Gritsan and Bulgokova3° on the tempera-
ture differences between electrodes and solution during electrolysis were
entirely unsuccessful. As expected, it was found that the temperature
rise at an electrode during electrolysis increased with decreasing con-
centration and ':anreasing current density. These temperature effects
were also highly dependent on the geometry of the electrolysis cell.

Results from a typical experiment with the preliminary apparatus
described in Chapter III are given in Figure 12. In this figure, the
temperature rise in each electrode compartment as indicated by Beckmann
thermometers is plotted as a function of time. The interesting part of
the figure is the time lég of the a.node‘ temperature as compared to
cathode temperature during the first part of the electrolysis. It was
felt, however, that the Beckmann thermometers were not accurate enough
and did not respond rapidly enough to give accurate measurements of the

heat effects.
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Figure 12. Temperature Rise at the Electrodes for the Electrolysis
of 0,0125 M Copper Sulfate.



17
B. Temperature Difference Measurements on the Copper-Aqueous Copper

Sulfate System (Thermal Electroanalysis)

The results reported here were obtained using the apparatus which .
is described in Chapter III. Data for the pﬁre copper sulfate solutions were
obtained for the concentration rang from 0.02 to 0.20 molar. In addition
to this, results are reported for 0.08 molar copper sulfate to which po-
tassium, sodium, or hydrogen sulfate had been added at a concentration
of 0.02 molar. The effect of gelatin (4O mg./liter) was also' studied.

The results given here are expressed in terms of three ‘tempera-
ture variables; Tgs Ty, and Tg, where Tg is the temperature of the
cathode, Ty is the temperature of the anode, and Tg is the temperature
of the solut:l.oh. Some typical plots of Tg-Tp versus time of electrolysis
at a current of 300 ma®™ are shown in Figure 13. This is the type of
curve exﬁected in all cases, with the steady state temperature of the
anode higher than the steacb' state temperature of the cathode. The spe-
‘cific shape of the curves, however, did vaﬁ with the current and, as can
be noted from Figure 13, the concentration of the solution being electro-
1lyzed. After an electrolysis time of approximately two mimtes, Tg-Ty
becomes more negative at a faster rate in the case of the less concen-
trated solutions than with the more concentrated solutions. The curyve
for 0.20 M copper sulfate is completely smooth and no maximum appears

in this curve. A maxdmum in each curve was observed in solutions contain-

*Total current is given rather than current densitj as Tg-Tp de-
pends on mamy other factors in addition to current density.



78

0.04 M

-8 aaz)

-10 : l
0 2 L 6 8 10
Time in Minutes

Figure 13. Tg-T, versus Time of Electrolysis for the Electrolysis
of Copper Sulfate at 300 ma.
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ing 0.04, 0.08, and 0.12 M copper sulfate. It was found, in general,
that with concentrations above 0.12 M, the curves were smooth, the
slopes were negative over the entire time period, and there was little
variation of Tp-Ty with concentration. With solutions of concentrations
below 0.12 M, the curves always exhibited a portion wifh a positive
slope and showed wide variation with concentration.

In Figure 14 the value of Tg-Tj at the end of ten minutes of
electrolysis is plotted versus the molar concentration of copper sul-
fate. All values were obtained at a constant current of 300 ma. The
maximum in this curve at approximately 0.10 M copper sulfate corresponds
to the point above which a portion of the copper plated on the cathode
is darker in appearance than the base metal. From 0.16 to 0.20 M, the
horizontal portion of the curve, the copper plated over the entire
cathode was dark, indicating a high degree of subdivision of the de-
posit. Up to a concentration of 0.10 M, no plating was evident since the
copper was deposited in the form of a finely divided metal powder.

The values of T;-T, at the end of one minute of electrolysis at a
current of 300 ma are shown in Figure 15. The effect of concentration
appears to be opposite to that observed for the ten minute values. The
slope in this case is opposite in sign. The one minute values of Tg-Tp
were not as reproducible as the ten minute values and are probably more
closely associated with polarization effects.

The Tg-Ts and T)-Tg versus time plots are shown in Figure 16.  Tg
is in both cases the temperature of the solution. These cﬁrves were ob-

tained to check the Tg-Tj values obtained previously. The difference
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Figure 1ij. Ten Minute Values of Tg-Tj versus Molar Concentration
of Copper Sulfate.
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between the two curves, Tg-Tg and Tp-Ts, should reproduce the experi-
mentally obtained Tg-Tj curve. Within experimental error, this was
true in all cases. The check, therefore, was exceedingly good, par-.
ticularly in view of the fact-that two different bridge circuits were
used. In‘ no case was a negative value of Tj-Tg or‘ Tg-Tg observed after
about one minute of electrolysis. .

In Figure 17 the ten minute values of Tg-Tg and Tp-Ts are plotted
versus the molar concentration of copper sulfate for electrolysis at 300
ma. Although both of these curves show the same general trend with con-
centration, their difference reproduces quite well the variation of Tg-Tj
~with molar concentration as shown in Figure 1L4. Figure 17 also demon-
strates conclusively that both the cathode and the anode are warmer than
the surrounding solution.

Figure 18 illustrates the effect of current variation on the shapes
and magfxitudes of the Tg-Tp values when plotted as a function of time.
These curves were obtained using the same concentration of copper sulfate
(0.08 M) for all of the experiments. This set of curves shows a striking
resemblance to the family of curves shown in Figure 13 in which' the
current was held constant and the copper concentration was varied.. From
these two sets of curves it appears that decreasing the current has the
same effect on the Tg-Ty versus time curves as does increasing the con-
centration. In Figure 19 the ten minute values of Tg-Tp for the elec-
trolysis of 0.08 M copper sulfate are shown plotted as a function of
the electrolysis current. This curve shows the great need for maintain-
ing a constant electrolysis current if one wishes to obtain reproducible

and accurate values of Tg-Ty.
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Figure 17. Ten Minute Values of Tg-Tg and Ty-Tg versus Concen-
tration of Copper Sulfate.
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Figure 20 shows the effect of the addition of potassium sulfate
to copper sulfate on the Tg-Tp, Tg-Tg, and Tp-Tg curves. From a compari-
son of Figures 20 and 16, it can be seen that the major effect of the
addition of potassium sulfate to the system is a reduction of the heat
evolved at the anode. This gives rise to a more positive Tg-T, curve
while the TC'TS curve remains relatively unchanged.

Figures 21 and 22 show the effect of the addition of sodium sulfate
and sulfuric acid, respectively, on the Tg-Tp, Tp-Tg, and Tg-Tg values
obtained during the electrolysis of 0.08 M copper sulfate at a current
of 300 ma. As is the case with potassium sulfate, the major effect :Ls
at the anode. A comparison of Figures 16, 20, 21, and 22 shows t‘hat
the effect of sodium, potassium, and hydrogen sulfates on the Tp-Tg versus
time curves is in the increasing order of sodium, potassium, and hydrogen.

In Figure 23, results are shown for 0.08 M copper sulfate solution
to which gelatin (4O mg./liter) has been added. In this case, however,
the evolution of heat at the anode is increased. ' This results in a
slightly more negative Tg-Tp curve than in the case of pure copper sulfate
solutions.

Figure 24 shows the effect of increased potassium sulfate concen-
tration on the ten minute values of Tg-Ty .obtained from the electrolysis
of 0.08 copper sulfate at 300 ma. This plot indicates that further gddi—
tion of potassium sulfate has no effect on either TG‘TA: Tp-Tg, 6r Te-Ts
after a certain limiting concentration of potassium sulfate hés been

attained.
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Figure 20. Tg-Tg, Typ-Tg, and Tg-Tp versus Time for the Electrolysis
of 0.08 M Copper Sulfate (0.02 M in Potassium Sulfate).
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Figure 22. Tg-Tg, Tp-Tg, and Tg-Tp versus Time for the Electrolysis
of 0.08 M Capper Sulfate (0.02 M in Sulfuric Acid).
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Figure 23. Tg-Ts, Tp-Tg, and Tg-Tp versus Time for the Electrolysis
of 0.08 M Copper Sulfate to Which Gelatin (L0 mg./l.) Has Been Added.
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Repeats of runs on 0.08 M copper sulfate solutions over several

weeks showed the average deviation of. the ten minute values of Tg-Tp to
be ¥ 0,025 mv. This corrésponds to an uncertainty of * 0.0005 in the

molarity of the copper sulfate solution for the curve shown in Figure 1ll.

C. Calorimetric Measurement of the Heat Effects at Single Electrodes

During Electrolysis

The equipment.and procedure used for obtaining the results reported
here are fully described in the section on calorimetric experiments in
Chapter III. Three different systems were studied in the calorimetric
part of this work. They were: copper |aqueorus copper sulfate ‘copper,
silver laqueous silver nitrate silver,énd platinum | aqueous sulfuric
acid | platinum. Thus for each of the two metal salt systems, the anodic
and cathodic reactions were the exact reverse of each other. For the
aqueous sulfuric acid system, the electrode reactions were not the reverse
of each other and the cell reaction was the electrolytic decomposition of
water.

Three different concentrations were used in the studies on each of
the metal salt systemé while two d.‘_Lfferent concentfations were used for
the aqueous sulfuric acid study. These concentrations are given with the

results.

1. Copper-Aqueous Copper Sulfate System

All of the data taken in the calorimetric experiments were treated

as outlined in the Appendix. From this treatment, values were calculated
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for the enthalpy change for the total cell reaction and also for the
entropy change for eash electrode reaction.

Pertinent calorimetric data obtained by the electrolysis of the
copper-aqueous copper sulfate system are summarized in Table II. The
meaning of the various symbols used in Table II are given below. Qéﬂ]i
and Qg ‘,n were the heat equivalents of resistance and polarization in
the inner and outer compartznents. of the caloriineter, respectively. Qg
was the heat added to the outer compartment with the electric heater in
order to maintain isothermal conditions. ,ijr'v Qﬁ, and Q}"l refer to the
heat equivalent to the temperature rise in the inner and outer compart-
ments and the total heat, respectively. It should be mentioned here
that the anode was always contained in the inner compartment and the
cathode was always in the outer compartment. The values in Table II are
tabulated in Joules as this was the unit for the electrical calibration
of the calorimeter. In most cases, more significant figures than neces-
sary are given as they were not rounded off until the conversion to

thermodynamic quantities. )

A few remarks about the quantities listed in Table II would serve
to clarify the data. The sum of Q%”‘ and QROH\ was, in all cases, equal
to the electrical energy input to the cell. This, of course, was a
necessity as the potential difference between the cathode and the anode
was equal to the sum of the potential differences between the cathode
and the probe and between the probe and the anode. The sum of QQ and Qi
was always equal to Q;; as the total heat capacity of the calorimeter was

the sum of the heat capacities of the two compartments. It is interest-
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ing to note that the sum of Qg and the electrical energy input to the
cell is very nearly equal to Q},'; (except for Run No. 6). This is a
direct consequence of the enthalpy change for the cell reaction being
equal to zero and would not be true if the enthalpy change were dif-
ferent from zero. Details of the calorimetric calculations are given
in the Appendix.

The enthalpy and entropy values obtained, together with the current
densities and the concentrations of copper sulfate solutions used are
given in Table III. The AH value given for the total cell reaction may
be taken as equal to zero within experimental error. Theoretically the
enthalpy change for the total cell reaction should be exactly zero since
the anodic reaction is the opposite of the cathodic reaction. Deviation
from zero is due to experimental error. The entropy changes are tabu-
lated in terms of the anodic value for each concentration as the cathodic
and anodic reaction are the exact reverse of each other. These values
decrease (become more negative) by approximately 6.8 cal./mole/degree
for each doubling of the concentration. Variation of the current density
seemed to have no effect on the entropy values. This is a good indication
that the electrode reaction proceeded at 100 per cent current efficiency
at all of the current densities employed in the experiments. The values
obtained by the electrolysis of 0.4O M copper sulfate which had been made
1,00 M in sulfuric acid indicates that the sulfuric acid had little or
no effect on the entropy values which would have been obtained had a pure
0.4O M copper sulfate solution been used. This is supported by the fact

that approximately the same decrease in entropy was observed between the



TABLE ITI

RESULTS OF CALORIMETRIC MEASUREMENTS ON THE ELECTROLYSIS OF THE Cu(g) | GuSOj(aq.) |Ou(s) SYSTEM

AT 309C

Run Current Dgnsity Conc. CusSO), Conc. H250) AHtotal 8Sanodic - ASgathodic
No. ma/cm. Moles/Iiter Moles/Iiter Cal./Mole Cal. /Mole/Deg. Cal./Mole/Deg.

l 2030 0.10 O "97 "'13.1 "’1207

2 2.29 0.10 0 +66 -1k.1 +14.0

3 17.8 0.20 0 -7 -20.6 +20.7

L 18.1 0.20 0 =2l -20.0 +19,2

5 3.55 0.20 0 +1h -20.5 +20.4

6 28.1 0.40 1.00 -3,374* -19.9% +27.7

7 28.8 0.40 1.00 +88 -26.9 +27.6

=

For Gu(s) = Cu(g) AH = +7 cal./mole (Average value).

" Reaction- . AS .
Cu(g) = Qu**(aq.’ 0.0 M) * 2e7(Cu) -13.5 * 0.6 cal./mole/deg.

oo AR ' i - pe +
Cu(g) = Cu (aq., 0.20 M) * 267 (oy) 20.2 0.4 cal./mole/deg.
2 R ++ 5 3 - . o +
Cu(g) = Cu M(aq.’ 0.0 M) * 2e” (Gy) 27.4 T 0.3 cal./mole/deg.
*Not included in averages.-

L6
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0.20 M and the 0.40 M solution as was observed between the 0.10 M and
0.20 M solutions. The average deviation of the entropy wvalues is ap-
proximately correct. The expected deviation (¥ 0.5 cal./mole/deg.) was

calculated from the lmown uncertainty in the calorimetric data.

2. 8ilver-Aqueous Silver Nitrate System

The data obtained from the electrolysis of the silver-aqueous
silver nitrate system are summarized in Table IV in the same manner as
was donm® with the copper system. The same statements made in regard to
Table II are equally applicable to Table IV and will not be repeated here.

The data for the silver system were treated in the same manner as
the data for the copper system. Results of these calculations are sum-
marized in Table V.

Here again the enthalpy change for the total cell reaction may
be taken as equal to zero within experimental error since the reaction
at the anode is opposite to that at the cathode. The entropy changes
are tabulated, as was done with the copper system, in terms of the anodic
reaction. However, the decrease in entropy in the silver system is ap-
proximately S cal./mols/degree each time that the concentration was
doubled instead of the 6.8 cal./mole/degree decrease observed with the
copper system. The tabulated deviation of % 0.1 cal./mole/degree for
the 0.80 M silver nitrate appears to be too low in view of estimated

uncertainty of * 0.5 cal./mole/degree. This may be fortuitous.



TABLE IV

CALORIMETRIC DATA OBTAINED ON THE ELECTROLYSIS OF THE Ag(s) | AeN03(aq.) IAg(s) SYSTEM AT 30°C

. Electrical

Run Moles of Ag Ehg:-ggeleiput Q%*h Qﬁﬂ] Qg. Qlji Qrﬁ Qg

No. Reacting (Joules) (Joules) (Joules) (Joules) (Joules) (Joules) (Joules)
1 7.3488x10-k 59.60’ ‘51.69 7.91 99.23 '17.99 140.5k 158.53
2 7.6547x1074 59.38 51.82 7.56 77.83 15.50 121.06  136.56
3 1.929lx1073 1145.16 13.7% 3142 131.63 35.22 2j1.10  276.32
L 1.8335x073 186.5), 166.36  20.18  550.65 93.99 6u3.40  737.39
5 3.3557x10-3 192.02 163.52 28.50 192.83 L9.6k 335.L8 385.12
6  2.1202x10-3 12L4.09 112.31 11.78 260.71 40.22 345.24  385.46

%

66



TABLE V

RESULTS OF CALORIMETRIC MEASUREI‘IEI‘ITS ON THE ELECTROLYSIS OF THE Ag(s) j AgNOB( aq.) ‘Ag(s)
. . SYSTEM AT 30°C ¥

Run Current Density Conc. AgNO3 AHgotal ASancdie ASgathodic

No. ma/cm.2 Moles/I.iter Cal./Mole Cal. /Hole/Deg Cal./Mole/Deg.
1 3.30 0.20 +98 *36 1 -35.8
2 3.29 0.20 +203 +37.4 -36.7
3 T.72 0.4o +56 +32.1 -31.9
L 9.L3 0.4o -27 +3L.1 -31.2
5 9.L48 0.80 -19 +26.8 -26.8
6 9.50 0.80 -7k +26.8 -27.1
For Ag(s) = Ag(s) AH = +40 cal./mole (average value)
Reac‘l'.ion~ s AS

Ag(s) Ag* (aq., 0.2M) * @ (ag)  *36.5 % 0.5 oal./mole/deg.
Ag(s) = Ag* (aq., 6.h M) + e~ (Ag) +31.§ ol calf/mole/deg.

Ag(s) = 28" (aq., 0.8 M) * ©(ag)  *269 % 0.1 cal./mole/deg.

00T



101
3. Platinum-Aqueous Sulfuric Acid System

Table VI summarizes the data and the results obtained by calori-
metric measurements on the electrolysis of the platimm-aqueous sulfuric
acid system. The same gereral remarks under Table II are applicable to
the data portion of Table VI except for one instance. In this case, Q}{i
is not equal to the sum of the electrical energy input to the cell and
QY. As mentioned before, this is because the enthalpy change for the
cell reaction is not equal to zero. The enthalpy value obtained for the
total cell reaction is in very good agreement with the accepted value of
=68.3174 kcal./mqle for the heat of formation of water at 25°.63 The
average deviation listed in Table IV for AH for the cell reaction is
probably too low. Estimates from the calorimetric data places the un-
certainty in this value at about 200 cal./mole.

The listed values for the entropy changes occurring at the cathode
and anode appear to be in error.* There are two reasons for making this
statement; (a) the magnitudes of these enmtropy changes are not correct as
compared to the copper and siilver systems and (b) the sum of the entropy
changes at the cathode and at the anode does not give a reasonable entropy

change for the cell reaction.

D. Current Efficiencies of the Copper and Silver Systenms

As stated in Chapter II, it is necessary that the electrode reac-

tions proceed with 100 per cent current efficiency if the calculated

*Reasons for this will be explained in Chapter V.



CALORIMETRIC DATA AND RESULTS OBTAINED BY THE ELECTROLYSIS OF THE Pt

TABLE VI

AT 30°C

(s) IHZSOh(aq.) | Pt(g) SYSTEM

Calorimetric Data

¥ Electrical
- Moles of Energy Input i
Run H ~  To Cell QRN Q§+n Qa Qm Qn Q
No. Liberated (Joules) (Joules) (Joules) (Joules) (Joules) (Joules) (Joules)
1 3.u603x0-k  118.98 78.52 4.6  118.L5 50.62  387.96  U38.58
2 2.2024x10- 88.19 k.13 .06 200.03 26.02 199.L0 225,12
3 8.882x10-5 11.03 26.82 14.21 117.31 17.53 115.38 132.91
B Y g Results .
Run Current Density Conc. HpS0) AHgotal ASanodic AScathodic
No. " ma/em.2 : Moles/Liter Cal./Mole Cal./Mole/Deg. Cal./Mole/Deg.
1 13.01 0.50 +68, 280 +63.6 +161.6
2 12.80 0.50 +68,150 +64.8 +160.1
3 Je8. L.O +68, 430 +82.14 +1hls.2

For H20(1) = Ha(g) * %02(g)

AH = 468,300 ¥ 60 cal./mole of H20

[0)8
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quantities are to have a meaningful reference to a single reaction.
This appeared to be true but it was necessary to be absolutely sure of
100 per cent current efficiency by making an experimental determination
of current efficiencies on the copper and silver systems.

The current density, 15.6 ma/cm.z, used in these exper iments were
comparable to, or higher than, the current densities used in the calori-
metric experiments. The results of these experiments are given below.

Current Efficiency

Reaction (Per Cent)
Ag(s) = Ag¥(aq.) * @ (ap) 100.00
48%(aq.) * © (sq.) ™ A&(s) 99.68
Ca(s) = Cu™¥(aq.) * 267(on) 100.27
(hx"'*(aq.) *+ 207 (gy) = Cu(s) 99.46

Within experimental error® the current efficiencies are all 100
per cent. It can be safely concluded that no error in the calorimetric

results were introduced because of side reaction at the elsctrodes.

*A weighing error of 0.2 mg. would account for all of the devia-
tions from 100 per cent.



CHAPTER V

DISCUSSION

A. Preliminary Experiments

The preliminary experiments gave no reliable quantitative data.
Théy did serve to point out some important factors to bear in mind
during the planning of the later experiments. One of the important
points indicated by the preliminary experiments was the lag in the
anode temperature as compared to the cathode temperature in the initial
part of the electrolysis. Further, it was demonstrated that, at some
time during the electrolysis, the anode temperature invariably rose
above that of the cathode (see Figure 12).

The Beckmann thermometers used in these first experiments were
not sensitive enough to give a su.fficientlj accurate value for the
temperature difference between the anode and the cathode. The second
undesirable feature of the Beckmann thermometers was their slow re-
sponse time. This is due to the high heat capacity of the thermometers
and rather slow heat transfer. These two objJections were quite satis-
factorily circumvented by the use of thermistors as the temperature
sensing elements. -

Another very important point which the preliminary experiments
seemed to stress was that the position and area of the electrode must
be fixed and reproducible from experiment to experiment. This was a

necessity for the procedure of obtaining reproducible, accurate results.
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This fact had a direct bearing on the design of the electrolysis cell
for the subsequent sets of experiments.
Attempts to correlate the preliminary results with those of Gritsan
and Bulgakova30 were entirely unsuccessful. The only conclusive relation-
ship between the results reported here and those of Gritsan and Bulgakova

was that there was a definite temperature rise at each electrode.

B. Temperature Difference Measurements on the Copper-Aqueous Copper

Sulfate System (Thermal Electroanalysis)

1. Pure Copper Sulfate Solutions

In Chapter II (Equation‘39) it was shown that the heat effect of
an electrochemical reaction is made up of three terms. Thus the heat,
Q, given off by an electrochemical reaction is given by:

Q = - TAS + RI%t + N\ It Y
where the symbols are defined as in Chapter II. Since eash of the three
terms involved in the heat effect varies with the concentration of the
solutions being electrolyzed, it was expected that the heat effect should
also show a variation with concentration. Gritsan and Bu‘lgakova” have
stated that this variation of the heat effect with concentration is so
exact that one may determine the concentration of the solution being
electrolyzed merely by measuring the temperature difference between an
electrode and the electrolyte during electrolysis.

In view of this, it was decided to direct the experiments in such
a manner as to furnish design data for the calorimetric experiments and,

at the same time, attempt to work out an analytical method based on
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thermal electrochemical measurements. With this in mind, it was thought
that measurement of the temperature difference between the cathode and
the anode would be the most worthwhile. By measuring the temperature dif-
ferences of the electrodes rather than a measurement involving the tempera-
ture of the solution, it was thought that the effect of inert ions on the
resistance of the solution could be minimized. It was later found that
such inert ions do have an effect on the temperature rise at a working
electrode. However, the effect does not lie in an alteration of the re-
sistance of the solution but is due to factors which will be discussed
in a later section.

As can be noted from the plots of Tg-Tj versus time (Figure 13)
the anodic electrode reaction is more exothermic. ‘This is true in every
case and is due to a différence in sign of the entropy change at the
anode as compared to the entropy change at the cathode. Since the elec-
trode reactions are equal but opposite in direction, the entropy change
at the electrodes will be equal in magnitude but opposite in sign. This
was verified by the calorimetric results given in Chapter IV (a negative
entropy change for the anodic dissolution of copper which corresponds to
an evolution of heat and a positive entropy change for the cathodic
deposition of copper which corresponds to the absorption of heat).

The positive portion of the plot of Tp-T, as a functi&n of time is
caused by concentration polarization at the cathode. This is indicated
by three experimental observations. First, there is a short time lag be-
fore the temperature of the cathode rises above that of the anode. This

corresponds to the time necessary to deplete the copper ions in the
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vicinity of the cathode. When the copper ions are depleted by the
plating reaction, a concentration gradient will be set up, resulting
in a concentration polarization effect, and a heat effect due to this
. concentration polarization. The sesond bit of experimental evidence
for the above étatement is obtained by observing the effeét of concen-

tration on the shape of the Tg-Tp versus time curve. The portion of
the curve at which Tg-Tj is positive is decreased by increasing the con-
-centration and finally no positive-values of Tg-T) are observed at the
higher concentrations (Figures 13 and 15). This is tn line with the
fact that concentration polarization will be minimized in concentrated
solutions. The third effect observed which is consistent with the above
reasoning deals with experimental results obtained by holding the con-
centration conste.nt and decreasing the current (Figure 18). In this
case, thé concentration polarization effect will not be present if the
current is sufficiently low ‘to allow the copper ions to migrate to the
cathode as fast as they are plated out. These last two obsérvations ‘are
consistent with experimental observations of other workers dealing with
concentration pola.rization 6h - )

In order to use temperature differenoe measurements as an analytical
method, some relationship must be established between Tg-Tj and the con-
centration of the solution being el:gcrdb:olyzed. No attempt was made in‘
this phase of the work to obtain a rigid theoretical relationship between
_ these} two quantities. Instead, an empirical calibration curve was ob-
tained. This curve is shown in Figure 1l, and is a plot of the ten minute
values of Tc-'r; versus concentration. The uncertainty in that port\,ion -l

of the curve up to about 0.09 M is equivalent to an uncertainty of



| 108
:0.0QOS M in the concentration. That portion of the curve above 0.10 M
is, of course, entirely unsuitable for use as a calibration curve to
determine concentrations. This can easily be avoided by the construc-
tion of another calibration curve at a higher current. '

Theoretically the one minute values of Tg-Tp could also be used as
a basis for an analytical method. This would be based on a calibration
curve such as shown in Figure 15. However, since the one minute values
of Tg-T, are much smaller than the corresponding ten minute values, the
accuracy would be smaller than that obtained by the use of the ten minute
values. Also, as pointed out in Chapter IV, the one minute values of Tb-
Ty are not as reproducible as the ten minute values of Tg-Tp.

Figure 16 shows Tg-Tg and Tp-Tg as a function of time of electrolysis
for two different concentrations of copper sulfate. These curves lend ad-
ditional experimental proof to the Tg-T, curves which were obtained in a
direct mamer. Again it may be seen from these curves that, in the early
part of the electJ.:'olysis, the temperature of the cgthode is higher than
the temperature of the anode.

Figure 17 is an example of a type of plot which might also be used
as a calibra.'tion curve for an analytical determination. chévef; this is
not to be recommended‘as this type of plot involves the temperature of
the solution and is therefore not as reproducible as the Tg-T, determina-
tions. |

The effect of the magnitude of the electrolysis current on the ten
minute values of Tg-Tp is clearly i.llustrafed in Figure 19. At the lower

current values plating was observed on the cathode. The appearance of
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the plate was very simllar to those obtained during the electrolysis
using higher concentrations of copper sulfate when the current was main-
tained constant. It thus appears that the horizontal portions of Figures
14 and 19 are quite analogous to each other.

This type of measurement is interesting in that, as a method of
analysis, it could lend itself quite well to instrumentation. The un-
balance signal of the bridge could easily be amplified or recorded for
elther automatic or control operations. It should be emphasized that
the magnitude of the taemperature differences, but not the shape of the
curves, will be changed if the equipment is changed. That is, there will
be a difference in the values of Tg-Tp if the electrodes, bridge circuits,

thermistors, or geometry of the cell is changed.

2. Copper Sulfate Solutions to Which Potassium Sulfate, Sodium Sulfate,

or Sulfuric Acid Has Been Added

The effect of the addition of the above electrolytes to the copper
sulfate solutions as shown in Figures 20, 21, and 22 is interpreted as
follows. The chief effect of these electrolytes is to alter the heat
effect at the anode. This is supported by a comparison of the Tj-Ig
versus time curves shown in Figures 16, 20, 21, and 22. A comparison
of the Tg-Tg versus time curves in these same figures shows little effect
due to the addition of these electrolytes whereas the effect at the anode
is considerable.

Two explanations have been devised to interpret the effect of in-

ert electrolytes such as potassium sulfate. One explanation proposes
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that the potassium sulfate decreases the anodic polarization of copper
in a copper sulfate solution. This would have to be tested by experi-
ment as no literature was found on this subject.

The other explanation lies in the theory of irreversible thermo-
dynamics as applied to themooells3h’ L2 since this is a non-isothermal
system. This interpretation involves ionic heats of transfer and trans-
port numbers of the current-carrying species as shown in Equation (11)
in Chapter II. In this equation the ionic heats of transfer, Q‘ﬂ'_’, is
multiplied by the transport number, t4; of the species to which it refers.
This is independent of the electrode reaction. A comparison of the effect
of hydrogen, potassium, and sodium sulfate on the heat effect at the
anode shows that 1t is in the order H> K">Na*. This is the exact order
of the transference mumbers of these three ions. A simple physical pic-
ture of the above interpretation is that the faster moving cation carrdes
more heat away from the anode.

Another piece of experimental evidence in line with the above
reasoning comes from the work of Lange and Hesse.21 They measured the
¥Peltier heats"™ of the systems Ag|A3N03 and AglAgClI C1l™ in the presence
of potassium, hydrogen, and 1lithium ions. Here again the values were in
the same order as the transference numbers of the three ions.

Gritsan, Bulgakova, and Zolotareva 27 have studied the effect of
certain anions on the temperature rise at zinc, copper, and cadmium
cathodes. Their results showed that the temperature rise at the cathode
varied if the anion of the metal salt were changed. A comparison of

their results with existing transference number data indicates that the
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effect is directly proportional 'to the transference number of the anﬁ.on.
All of the above vresults indicate that the temperature rise at an elec-
trode definitely depends on the ionic heats of transport and the trans-
ference numbers of all of the ions in solution. |
It is obvious that from the above discussion that one cannot use
a calibration curve such as Figure 1L for the determination of the copper
concentration of a solution which contains extraneous ions. Figure 24
shows the effect of potassium sulfate on the measured temperature dif- i
‘ferences as a function of the concentration of added potassium sulfafe.
It may be seen from this figure that the effect of potassium sulfate on
the temperature differences approaches a constant value if the potassitﬁn
sulfate concentration is large enough. This points the way to a possible
method to avoid the interference of inert electrolytes such as potassium
sulfate. That is, enough of the inert electrolyte could be added to the
standards and the unknowns to “swamp" the solution and produce a constant
effect. This constant effect would be expected if the inert electrolvte
were carrying practically all of the current. These ideas are based, of
course, on the interpretation that the effect due f;o the inert electro-
- lytes are based on the ionic heats of transport and the transference

numbers.

3. Copper Sulfate Solutions to Which Gelatin Has Been Added

The effect of gelatin as shown in Figure 23 is smaller than that
of the inert electrolytes discussed in the previous section. It is some-
what surprising that the effect of gelatin on the heat production at the

anode is opposite to that of the electrolytes. Although the increase in
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the evolution of heat at the anode may be due wholly to an increase in
anodic polarization, it is quite possible that a large part of the
‘effect may be caused by a decrease in the mobility of the cation. This
would have the effect of decreasing the amount of heat carried away from
the anode.

Although no qua.ntifative comparison is possible, the results ob-
tained here are consistent with those obtained by Parsons and Winklers 7

for the cathodic polarization of copper in the presence of gelatin.

L. Suggestions for Further Work

It would be interesting and informative to extend this type of
study to another system. A particularly good system for this work would
be the silver-aqueous silver nitrate system. This system is somewhat dif-
ferent from the copper system in that the cathodic reaction is more exo-
thermic as shown by the calorimetric measurements.

More work needs to be done on the measurements in the presence of
inert electrolytes. This would do much toward putting the analytical
aspects on a firmer foundation and also aid in correlating these results
~ with existing thermocell data.

Examination of Figure 2l shows that the ten minute value of Tg-Ta
approaches zero as the potassium sulfate concentration is increased.

These data are for 0.08 M copper sulfate only, ’howev'er. In view of this,
ten minute values for Tg-Tj, need to be measured for solutions of different’
copper sulfate concentration with each having a large concentration of
potassium sulfate. Although it is thought that the ten mimute values of

Tg-Tp would still show a variation with concentration of copper sulfate,
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this needs to be proven experimentally. If the ten minute values of
To~-Tp were zero in all cases, recourse could still be taken to the one

minute values of Tg-Ty as a basis for an analytical technique.

C. Calorimetric Measurements of Heat Effects at Single Electrodes

During Electrolysis

The discussion given here is based on the assumption that Equation
(39) in Chapter II is valid for a single electrode system. Preliminary
work has indicated that the eqﬁation is valid for a single electrode
system although no rigorous theoretical derivation has been worked out.
At present, there seems to be no obvious reason for the equation not

being valid for a single electrode system.

1. The Copper-Aqueous Copper Sulfate System

The most strilkdng feature of the results presented in Table III-
is their rather wide variation of entropy change during electrolysis with
the concentration of the solution. As shown bélow,, this variation is
mach more than would be expected if ideal behavior were observed. Ideal
behavior, as used here, means that the thermodynamic activity of a single
vion:l.c species is equal to its concentration.

The entropy of an ion (or any substance), Sy, in a solution of
activity, aj, may be represented as

8 =8°-R1ln ay , (2)
where S° is the entropy at unity activity and R is the gas constant. In

a like manner, the emntropy in a solution in which the ionic activity is



a2 is given by
S2 =S°-R1ln as . (3)

If (2) is subtracted from (3), one obtains

=8y -8 = a1 |
28 =82 - § =R ln— . (L)

Eqation (4) gives the entropy change accompanying the transfer of one
mole of the ions from a solution in which the activity is aj; to a solu-
tion where the activity is a2. If one now assumes that a; is twice as
large as ap, the entropy change would be
AS = (1.987) (1n 2) = 1.377 cal./mole/degree . (5)
If one assumes that activities are equal to conscentration™ then this is
the entropy change which should be observed on passing from one solution
to another which is only half as concentrated.
One can obtain an experimental value for this from Table III. For
the 0.1 M copper sulfate, the reaction is ‘
Gugs) = 0u™*(0,1 ) * 257 (gu) (6)
for which . ' |
A S = -13.5 cal./mole/degree . | (7N
The corresponding reaction for the 0.2 M copper sulfate 1s

Cu(s) = 0u**(5.2 M) * 2¢7(cu) (8)

"This, of course, is not correct, particularly at the concentra-
tions worked with here. In this connection it is interesting to look at
the mean activity coefficients for aqueous copper sulfate. These are
0.150, 0.104, and 0.071 for solug%ons in which the concentrations are 0.1,
0.2, and 0.4 molal respectively. Although these are mean activity co-
efficients, it is still obvious that it is incorrect to assume that the
ionic activity is equal to the concentration.
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for which
AS = -20.2 cal./mole/degree . (9)
If one now subtracts (8) from (6), the reaction
o™ (0.2 1) = % (0,1 ) (10)
is obtained. The entropy change for (10) is obtained by subtracting
(9) from (7) which gives
AS = 6.7 cal./deg./mole , (11)
a value which is very much larger than the 1.377 cal./mole/degree cal-
culated for the ideal case. Although the experimental value obtained
does not seem to be compatible with the ideal case, the experimental
values cannot be ruled invalid on this basis alone as nothing is known
about the activity of a single ionic species. In fact, a considerable
portion of the present day chemists hold that the activity of a single
ionic species cannot even be \defined, much less measured.
In this connection it would be of interest to calculate the ab-
solute entropy of the copper ion for comparison with values which have
been obtained by other investigators. The absolute entropy of solid

copper is given by Stull and Sinlce66

as 8.01 cal./mole/degree at 300° K.
This value may be subtracted from the tabulated values in Taﬁie IIT to
give the absolute entropy of the copper ion plus two electrons. If one
disregards the entropy of the two electrons*, the resulting vdué may be
taken as equal to the absolute entropy of the copper ion. The values

obtained are tabulated in Table VII together with some values obtained

*Thisv is probably not valid. A discussion of this point is given
later.
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TABLE VI1

ENTROPY OF THE COPPER ION

Conc. Cr Cu"""
Electrolyte Moles/Iiter OK Cal./Mole/Degres  Reference
CuS0), 0.10 - 303.2 -5.5 This Work
CuSO), 0.20 303.2 -12.2 This Work
CuSO), + HpSO), (1 M) o0.ko 303.2 -19.4 This Work
CuSQ), a=1 (?) Thermocell -37 Bonnemay>?
N 0.018* Not Given +27.8 Bruzst®
CuSO), 0.004* Not Given +25.1 Bruzsi®
CuS0), 0.0004*  Not Given +20.7 Bruzeld
Cuso), 1 290-297 29 Bruss
CuSO), + HaSO) {1 M) o0.75 298 -24.9 g:g:zﬁnd
- a=l 298.16 -26.5 Latimer®7
Cu (NO3)2 1.8 ~ 285 -26.0 Bouty3
CuS0), 0.625" ~ 298 -19.5 enb
Cus0), 0.55 273 +2.8 Jahn'
CuSO), 0.55 (?) 213 -26.3 Jahn®
CuS0), + H2SO), 0.5 297-298 =22 BrauerS

(0.005 M)

*Hole fraction.
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by other investigators.

Table VII indicates some of the wide variations found in the
literature in an attempt to arrive at a value for the absolute entropy
of a single ionic species. Latimer's valueé7 has been included only
for comparison as it is a relative value based on the assumption that
the absolute entropy of the hydrogen ion is zero at unit activity.
Bonnemay's value is based on thermocells and thus is probably not wvalid
for the reasons indicated by Holtan.Bh

Since there is such a wide variation in the values given in Table
VII, the easiest manner of comparison would be to plot all of the values
as a function of the concentration of the copper ion. This is done in
Figure 25.

The normal procedure in constructing a graph of this type is to
plot these values as a function of the square root of the ionic strength.
This has its basis in the theory of Debye and Huckel. However, the Debye-
Huckel theory is good only as a limiting law and then only with solutions
of ionic strength below 0.1l. A plot of this type did not provide a sat-
isfactory means for testing the agreement of the values given in Table
VII.

It was found that a plot of the entropy values versus the logarithm
of the molarity gave a satisfactory straight line. No t.héoreticﬂ explana~
tion was attempted for Figure 25. The equation for the straight line in
Figure 25 is

Sgp++ = -28.51 - 23.07 log M (12)

as calculated by the method of least squares from the data obtained in
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this work.

It can be seen that the results of this work and those obtained
by Sherfey and Brenher, 31 Bruzs,u‘ and Bra.uer8 agree quite well accord-
ing to this correlation. Some of the earlier results are in fair agree-
ment with the results obtained here while some of the values in Table
VII disagreed so badly that they were omitted from Figure 25.

At the beginning of this research it was hoped that this type of
attack would provide a value of the absolute electrode potential. The
method by which this quantity was to have been obtained is outlined be-
low. The general working equation may be written as

- EIt = AH +Q (13)
where the terms are defined as before. Measuring Q and £It will permit
the calculation of AH. As AS may be obtained from Q, it would be an
easy matter to obtain AF from the relation

AF = AH - TAS . | (1k)

Knowing AH, the electrode potential may easily be obtained as

E-= T -%%— : g (15)

This may easily be done for the total cell reaction. However, when one
attempts to apply the same procedure to a single electrode, he finds that
the data are not sufficient. Although the heat éiveh off a single elec-
trode may easily be measured, this is not the case with the energy in-
put, EIt. Attempts to get around this by dividing the total energy input
into two parts by a trial and error method met with failure. This was be-
cause the necessary number of independent equations are not available

from the data.



120
2. The Silver-Aqueous Silver Nitrate System

The same general remarks made for the copper system are also
applicable to the silver system and will not be repeated here.
The data in Table V may be used to calculate an entropy change

accompanying a concentration change in the same manner as was done with

copper.
he(s) = 48"(0.2 M) * * (ag) (16)
AS = +36.5 cal./mole/deg. @7)
Ag(s) = A€ (0.1 M) * © (ag) (18)
"8S = +31.6 cal./mole/deg. (19)

Suﬁtracting (18) from (16) gives

A8 (0.1 M) = 2" (02w - (20)
AS for this reaction is obtained by subtracting (19) from (17) and is
equal to +4,9 cal./mole/degree. Again this value is much greater than
would be expected for the ideal case (1.377 cai./nole/degree) but is
somewhat less than the gorrespondir;g value for copper. Once again this
value depends on the activitj of a singlé ionic species which has not
been evaluated.

As was the case with the copper system, one can calucate the en-
tropy associated with a silver ion and one electron for each of the three
concentrations studied. The necessary piece of datum is the entropy of
solid silver. This is given by Stull and Sinke™® as 10,2k cal./mole/degree
at 300° K. This value, along with some previous values for the entropy
of the aqueous silver ion, are tabulated in Table VIII. It may be noted
that, for the purpose of comparison, the entropy of the electron has been

neglected.



ENTROPY OF THE SILVER ION

TABLE VIII

12l

Conc. Silver Temperature Sag+

Electrolyte Moles/Ii oK Cal./Mols /Degree  Reference
AgNO3 0.20 303.2 b6.7 This Work
AgNO3 0.0 303.2 41.8 This Work
AgNO3 0.80 303.2 37.1 This Work
AgNO3 1 290-297 19 Bruzsll
AgNO3 1.6 290-297 19.2 Bruzall
AgNo3 0.8 290-297 19.5 Brussll
AgNO3 0.1 290-297 30.3 Bruzsll
AgNO3 0.55 273 37.6 Jahn'
AgNO3 0.17 ~ 298 20.8 11

- - a=1 298.1 17.5k Latimer®’
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Figure 26 shows the various values given in Table VIII plotted
as a function of the concentration. This plot was constructed in the
same manner as Figure 25 for the copper system. The equation for this
line, as obtained by the method of least squares, is X
Spg* = 35.51 - 16.04 log M . (21)
Again the values obtained in this work fall on a very satisfactory -
straight line. Very little agreement was obtained with any of the
previous results except for the fa.:’l.r agrgement with the early result of
Jahn.T K

3. The Electrolysis of Water

’ The only significant gla.bum obtained by calorimetric measurements
on the é}.ectrohrsis of aqueous sulfuric acid using platinum electrode
was the enthalpy change accompanying the decomposition of water. This
value was compared with the accepted value and found to be in very good
agreement. The validity of all of the/ calorimetric measurements was en-
hanced by this agreement. In addition, this demonstrates that the method
employed in this work is a very convenient way to determine the enthalpy
change for any reaction which may be carried out in a quantitative manner
by an electrochemical method.

It was stated in Chapter IV that the entropy values obtained for
this system were invalid. This is particularly true in view of the fact
that the sum of the calculated entropy changes for the electrode reactions
is very much is disagreement with the accepted value for the entropy change

for the cell reaction. If one refers to the method used to calcﬁlate these
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entropj'values, it is not difficult to see why the results do not cor-
respond to the entropy changes occurring at the electrode. The method
of calculation is based on the assumption that the static potentials of
the probe versus the electrodes are equal to the reversible potential
of the cell reaction. For the copper and silver systems, this was true
and the static potential of the probe versus either electrode was zero
in all cases. The static potential of thé probe versus either electrode
was also zero for the platinum-aqueous sulfuric acid system. This had
to be true as the probe and both electrodes were constructed of platinum
and were dipping into the same solution. However, this is not the re-
versible potential corresponding to the decomposition of water. In view
of this, the entropy values calculated as in the appendix cannot be taken
as-corresponding to the entropy changes occurring at the electrode. This
difficulty could be avoided by using reversible electrodes.

This situation is quite analogous to the direct current method for
measuring electrolytic conductance. Conductance data of the highest order
of accﬁracy are obtainable by this method but only if strictly reversible
electrodes are used as potential measuring probes.69

The above statements have nothing to do with the enthalpy values
obtained by this method since they are not dependent upon the reversi-
bility of the electrodes. These values may be obtained for any quanti-
tative electrochemical reaction regardless of whether the reversible po-

tential corresponding to the reaction can be measured or not.
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L. Comparison of the Copper and Silver Systems

It is possible to calculate the value of the entropy change for

the reaction

Cus) + 248%(aq,) T Ou(aq.) * (. (22)

66,67,68 0

The necessary data are readily available in the literature.
ionic values are based on the standard state entropy of the hydrogen ion
being equal to zero. In the subtraction of relative entropies, an absolufe
entropy change is obtained.
The entropy values for each ion is given below:
Cu(g) *+ 28g"(5-1) = °u+*(a=1) + 24g(g) (23)
S=7.97 S=17.54 8=26.5 5=10.20
The entropy values are written beneath the species to which they refer
and are given in cal./deg./mole. Thg entropy change for this reaction
is then
AS = -26.5 4 2 x 10,20 - 7.97 - 2 x 17.54 (2k)
AS = -49.15 cal./deg./mole of Cu at 298.16° K.
One can also calculate the entropy change for a like reaction
from Table III and V. This may be done in the following ménner.

Cu(s) = Qu**(o.z M) * 2e”(Cu) AS = -20.2 cal./mole/deg. (25)

Ag(g) = Ag+(0.2 M) * " (1g) AS = +36.5 cal./mole/deg. (26)
Multiplying (26) by 2 and subtracting from (25) one obtains

Cu(g) + 2A8+(o_2 M * 26-(Ag) =ch+*(0.2 M) f 2hg(g) * 2e‘-(Gu)

AS = -93.2 cal./deg./mole. (27)

Using the data for the O.4 M solution in exactly the same manner, one
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obtains

Cu(s) + ZAg"'(O.,4 M) + 28"<Ag) = cu"'"'(o.h M) + 2Ag(s) + 26_(0\1)
AS = -90.6 cal./deg./mole (28)

Except for two reasons, the AS for reactions (27) and (28) should be
exactly the same™ as the AS for reaction (23).

One of these reasons for the large difference between (28) and (23)
or (27) and (23) is that the entropy changes for reactions (27) and (28)
invaolve the activity of the copper and silver ions while the AS for reac-
tion (23) is under the strict conditions of unit activity. It is unfor-
tunaté that, at the present time, these ionic activities cannot be evalu-
ated. In this respect, mention should be made of the mean ionic activity
coefficients for aqueous silver nitrate in order that they may be compared
with the values given previously for copper sulfate. For solutions of 0.2,
0.4, and 0.8 molal silver nitrate, the mean activity coefficients are
0.657, 0.567, and 0.46L, respectively.7o It can be seen that these values
are much larger than the corresponding values for copiaer sulfate. . In fact,
a 6.0 molal solution of silver nitrate has a larger mean ionic activity
coefficient than does a 0.1 molal solution of copper sulfate. However,
this cannot explain the differences in entropy values listed above as
these -are mean lonic activity coefficients. It does, however, emphasize
that fact that there is a vast difference between copper sulfate and sil-

ver nitrate.

*There is also a small temperature difference between the reactions
but this would have a very small effect.
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The second reason is that, as one may note, the electrons appear-
ing in reactions (27) and (28) are in two different metals. The subject
of the entropy of an electron in a metal is far from settled. One group
holds that the entropy of an electron in any metal may be taken as equal
to zero.37’ However, this is vigorously opposed by the second group who
believe that this entropy is not zero but is variable from metal to metal
and is responsible for a number of thermoelectric phenomena.Bh’n

Lati:ner7l has shown that the thermopotential of a metallic thermo-
couple_ may be represented as a function of the difference in entropy of
the electrons in the two different metals. His treatment gives fair
agreement with the data in existence at that time. .B:l'onst.ed,";5 also
attributes the thermopotential of a thermocouple to the entropy associated |
with the electrons in tﬁe metal. Other authors who also consider the en-
tropy of electrons in metals are Holt:m3,4 and Van Rysselberghe.hg’ 50

It should be pointed out, however, that all of ‘the above treat-
ments are for conditions of zero current flow. It may be that the mag-
nitude of the current flow could have a considerable éffect on the amount
of entropy associated with an electron in amy given metal o .

The results given here are not in definite disagreement with values
which may be obtained from literature data. However, in view of the above

reasons, no definite statement can be made concerning the degree of agree-

®his would seem to be in disagreement with the moderm theories of
electrical conduction in metals in that it would involve a change in the
energy level of the electron. However, there does not seem to bée sufficient
experimental evidence available to definitely prove that a change in the
energy level of an electron does not occur when a flow of electrons exist.
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ment. While Lat:hneru has suggested that the difference between fhe
entropy of an electron in copper and the entropy of an electron - in
silver is probably very small, one still has the problem of activities
of single ionic species to contend with. In view of the above state-
ments, the absolute acceptance of the values given in this dissertation

must, of necessity, await further research along this same line.

5. Suggestions for Purther Work

In view of the statement made in the preceding section concerning
further research, it is only fitting that a few remarks be made concern-
ing the direction of such research.

Experience has shown that the most desirable, if not actually
necessary, improvement to acquire before continuing this type of research
would be a much more sensitive calorimeter. Several suggestions for
attaining this increased sensitivity are enumerated below.

1. The reasons for choosing a Dewar flask for the calorimeter are
given in the Experimental section. However, a metal calorimeter, which
is more desirable, could be made by having the walls of the calorimeter
serve as the electrodes. The electrodes could be separated and insulated
by the partition used to isolate the anode and cathode compartments. A
metal calorimeter, in addition to allowing the use of larger electrodes,
would give a measurable, reproducible heat leak.

2. Increasing the electrode area would give a greater ratio of

reversible to irreversible heat which would result in more accurate values.
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3. A more sensitive temperature sensing system would be ex-
tremely advantageous. Use of a thermistor with a higher resistance
and an electronic recorder with a one mv. range would give an auto-
matic recording system accurate to 0.0001°.

4. Automatic control of the temperature difference between the
two electrode compartments would be necessary if the first three improve-
ments were made. Further, it would be desirable to record the amount of
heat added to the cooler compartment. The instrumentation involved would
be extensive but not prohibitive in cost.

Once the above improvements had been made and the system was oper-
ative, there are a number of highly desirable experiments to perform.
Perhaps one of the most promising routes would be to continue working
with the copper and silver system except at much lower concentrations
than used in the present work. This would permit the extrapolation of
the data to zero concentration. It is probable that this technique would
give the absolute standard state entropy of an ion as well as information
about the activity of a single ionic species.

It would also be very worthwhile to use the techniques of electro-
chemical calo:imetny to determine AH values for a number of reactions.

In some cases, it is very difficult to obtain these AH values by other
methods.

Finally, it would be highly desirable to make some measurements
on a system which consisted of two different reversible electrodes plus

a reversible probe.



CHAPTER VI
SUMMARY

Temperature difference measurements were made during the elec-
trolysis of aqueous copper sulfate between copper electrodes. The
temperature differences measured were those between the cathode and the
anode, the cathode and the solution, and the anode and the solution.
These, values were obtained as a function of the time of the electrolysis.
The variation of these differences with time and their magnitudes were
explained in terms of the entropy changes occurring at the electrodes,
resistance, and polarization.

The effect of some inert electrolytes on these temperature dif-
ferences was determined as was the effect of gelatin. Explanations for
these effects were given in terms of polarization and the thermodynamics
of irreversible processes as applied to thermocells.

It was found that these temperature differences were extremely
dependent on, and had a definite relationship to, the concentration of
the copper sulfate solutions. Accordingly, a method was proposed whereby
such temperature differences could be used as an analytical method. This
method was given the name, "Thermal Electroanalysis.™

A theoretical analysis was made of the quantity of heat evolved by
an electrochemical reaction during electrolysis. This analysis was made
from the standpoint of the thermodynamics of irreversible processes and

its relationship to classical thermodynamics was indicated.
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A calorimetric method was developed which made it possible to
measure the amount of heat liberated at a single electrode during an
electrochemical reaction. It was also possible to measure the total
amount of heat liberated by the same electrochemical reaction. These
data, coupled with the theoretical analysis, made it possible to calculate
the enthalpy change for the total reaction as well as the entropy change
occurring at each electrode. This was done for the copper-aqueous copper
sulfate-copper and silver-aqueous silver nitrate-silver systems at three
different concentrations of electrolyte for each system.

The values obtained for these systems were compared with the
existing literature data where possible. Certain differences were pointed
out in the case of the entropy values, especially their variation with
concentration. Explanations were postulated for these differences and
further work was proposed to clarify these points.

In order to test the calorimetric technique and to prove the valid-
ity of the method, the enthalpy change for the decomposition of water was
measured by this combination of calorimetric and electrochemical techniques.
The values obtained were in very good agreement with the accepted value
for this quantity. This was considered to be sufficient proof that this
technique is a valuable tool for obtaining thermodynamic data which is
extremely difficult to obtain by other means.
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TREATMENT OF CALORIMETRIC DATA

A. Time-Temperature Curve and the Method for Evaluating AT

A typical time-temperature curve obtained from either heat
capacity or electrolysis runs is shown in Figure 27. The variation
of temperature with time during the rating periods has been exaggerated
to show the method for evaluating AT. In an actual run, the tempera-
ture of the calorimeter remained nearly constant during the rating
periods. The irregularities in the curve during the reaction period
were periods when the heater in the outer compartment was off. During
a run there were a number of these irregularities but they were usually
not as pronounced as indicated in Figure 27.

A time-temperature curve from a calorimetric experiment usually
appraximates an exponential curve quite closely. Because of this, the
most precise method of treating a time-temperature curve is to inte-
grate the area under the curve and evaluate the thermal leak constant
of the calorimeter. However, heat leakage through glass, such as the
Dewar flask used in this work, is not reproducible. This automatically
prevents one from obtaining highly precise data. Because of this a
much simpler method was used to evaluate the temperature use. This
method is illustrated graphically in Figure 27. The time on the expéri-
mental time-temperature curve corresponding to 63 per cent of the dis-
tance between the extrapolated lines from the rating periods was found.

This distance was then taken as equal to AT as shown in Figure 27. This
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method presupposes an exponential temperature rise and is capable of

a precision of 1 part in 1000.72

B. Heat Capacity of the Calorimeter

The calculation of the heat capacity of the calorimeter is best
explained by reproducing an actual calculation performed during this
work. This is done here for a heat capacity run on the calorimeter con-
taining aqueous silver nitrate. Unless otherwise specified, the symbols
used correspond to those defined previously.

In this particular run, Hi was on for a total of 721.3 seconds
while Hy was on for a total of 258.6 seconds. Thus Hy was on alone for
U462.7 seconds. It was necessary to separate the time that Hy was on
alone because the voltage drop across R} with both heaters on was con-
siderably different from the voltage drop' across Ril when only one heater
was on. Several readings of the voltage drops across R} and R% were
taken during the course of the run. These voltage drops were averaged
to give the value used in the calculations. Theoretically, these values
should have been integrated as a function of time but deviation from the
average were less than 0.05 per cent. This was much less than the tem-
perature measurement errors. The average voltage drop across B% while
only Hy was on was 0.18371 volts. The average voltage drop across R%
while both Hj and H, was on was 0.14735 volts. The corresponding value
for R% was 0.51818 volts. These values, coui:led with the values for

1

the resistances of Ry and R%, were then used to calculate a value for
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the heating current, Ih, from Ohm's law.

1} (only Hy on)* = 228310 (1)

Ig (B and Hy on) = '%:%hg;—gi‘ (2)
0.51818

Ig = 71.039L (3)

These values for the heating current were used to calculate the
heat added, Q (in Joules) from
Q = RI%t , (L)
where R is the resistance of the heater in ohms, I is the current in

amperes, and t is the heating time in seconds. Thus:

0.18371 |? ’
Qi (only Hy on) = 5.0388(—]‘_':635'3'—) (462.7) = 69.73 Joules, (5)

2
Qi (Hy and Ho on) = 5.0388(%5%%%5_) (258.6) = 25.07 Joules, (6)
2
Qo = 10.168(—%3_;'2%) (258.6) = 653.52 Joules, (7
and Qi (total) = 69.73 + 25.07 = 94.80 Joules. (8)

The remaining datum necessary to calculate the heat capacity is
the temperature rise. The temperature rise for this run, evaluated as
shown in Figure 27 and expressed as the unbalance poteﬁtial of the Wheat-
stone bridge, was 4.58 mv. The heat capacities, Gh, were then calculated

by dividing the energy input by the temperature rise.

*The subscripts 1 and o refer to the inner and outer compartments
of the calorimeter, respectively.
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h 94,80

of = ~Jgg- = 20.70 Joules/mv. (9)
ch = —égﬁfég- = 142.69 Joules/mv. (10)

The total heat capacity of the calorimeter, Glé, was taken as the sum of

G? and Cg. The average of three heat capacity runs for this system gave

the results:
cf = 20.84 £ 0.15 Joules/mv. (1)
cB = 142.66 * 0.25 Joules/mv. (12)
o} = 163.50 * 0.25 Joules/mv. (13)

These are the heat capacity values which are used for the calculations

in the next section.

C. Calorimetric Data From Electrolysis Runs

The calculations given here are for calorimetric measurements on
the electrolysis of 0.40 M silver nitrate using silver electrodes (Run
No. 4 in Tables IV and V). The necessary data for maldng the calcula-
tions are tabulated below.

Average voltage drop between cathode and probe = 0.,11409 volts.

Average voltage drop between anode and probe = 0.94024 volts.

Voltage drop across Rg (the standard resistance in the elec-

trolysis circuit) = 0.75030 volts.

Average voltage drop across R% = 0.52935 valts.

Duration of electrolysis = 1209.1 seconds.

Total time Hy on = 208.8 seconds.
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Here again average voltage drops have been used instead of
in'begrated' values. Any error due to the use of an average value is
small in comparison with the error associated with the calorimetric
measurements.
It was shown in Chapter II that the heat, Q, given off by an elec-
trolytic reaction is given by
Q = -TAS + RI%t + NIt (14)
in which the symbols have the definitions given in Chapter II. Instead
of treating R and n as separate terms, they were combined into a single
term. Since the electrodes and probe were constructed of the same metal
(silver in this case) any deviation from zero potential between the
probe and either electrode was due to resistance and polarization. There-
fore the total heat effect due to resistance and polarization can be cal-
culated directly from the average voltage drop between the probe and the
electrode, the electrolysis current, I, and the time.

The electrolysis current was calculated from Ohm's law by

voltage drop across Rg 0.75030
Rs - T5.127h

= 0.14633 amperes. (15)

The extent of the reaction was easily calculated from Faraday's law.

Equivalents = ;;t = (O.lhégg)lig2209.l) = 1.8335 x 10~3 moles of Ag. (16)
g ]

The heating current for the outer compartment was calculated from Ohm's

law and is given by

0.52935
Io = Tio3%% 2l
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The heat added to the outer compartment, Qg, to maintain isothermal

condition is then

2
Qg = 10.168 —%f%%%%i-’ (208.8) = 550.65 Joules. (18)

Heat produced in the inner compartment by resistance and polarization is
equal to the product of the voltage drop between the anode and the probe,

the electrolysis current, and the time of electrolysis.

Qé*ﬂ = (0.9L029) (0.14633) (120.91) = 166.36 Joules. (19)
In like manner _
Qg*n = (0.11409) (0.1L4633) (120.91) = 20.18 Joules. (20)

The electrical energy imput 1s, of course, the sum of Qﬁ""\ and Qﬁ"’h since
the voltage applied to the cell is equal to the sum of the voltage drops
between the probe and the electrodes and is equal to 186.5L4 Joules. The
total energy input to the calorimeter is then equal to the sum of 186.5L
and QZ or 737.19 Joules.

The temperature rise for this run, evaluated as shown ‘in Figure 27,
was 4.51 mv. The heat evolved in each compartment is then equal to the

product of the heat capacity of the compartment and the temperature rise,

Qd = (20.84) (L.51) = 93.99 Joules (21)
QQ = (142.66) (L.51) = 6L43.40O Joules (22)
Q;‘l = (163.50) (L.51) = 737.39 Joules (23)
From the working equation developed in Chapter II,
AH = -€1t - Q . (2L)
AH = 737.19 - 737.39 = -0.20 Joules (25)

This can be converted to calories per mole.
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0.20

A = —TLI850) (1.833 x 10-3)

= -26 cal./mole. (26)

€It has been inserted as a positive quantity in (25) because the
negative sign in (24) refers to work done by the system.
The heat evolved in each compartment is given by
Q = -TAS + RI%t + NIt . (27)
Rearranging (27) gives
TAS = RI%t + NIt -q, (28)
or, in terms of the heat due to resistance and polarization
TAS = Qpan - Q - (29)
Thus, for the inner compartment (the anode reaction)
(TAS)4 = 166,36 - 93.99 = +72.37 Joules. (30)
This can be converted into the conventional units for AS by dividing the
absolute temperature, the moles of silver reacting, and the conversion

factor for Joules to calories.

+72.37
(303.2) (L4.1840) (1.8333 x 10-3)

= +31.11 cal./mole/deg. (31)

This entropy value is for the reaction

= ppt ' #
Ag(s) = A& (aq., 0.0 M) * © (ag) ° (32)
The entropy change for the cathodic reaction may be calculated in exactly
the same manner except that the energy added from the heater must be in-

c¢luded.
(188), = Qf{...n +Qa - Qn (33)

(TAS), = 20,18 + 550.65 - 643.40 = -72.57 Joules (3L)
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'72‘57
85 = 363.2) (5.1810) (1.8335 x 103) - 3120 cal./mole/deg.
(35)
This AS value is for the reaction,
A84'(af1-: 0.4o M) * © (ag) = 28(s) - (36)

Within experimental error, the entropy values calculated in (31) and (35)
are equal but opposite in sign. This is the correct relationship since
reactions (32) and (36) are the reverse of each other.

The uncertainty in the entropy value is approximately * 0,5 cal./
mole/deg. as estimated from the deviation in the heat capacity data and
the uncertainty in the temperature rise.

Finally it would be helpful to indicate the calculation for the
enthalpy change for the electrolysis of water. This is in contrast to
the AH value calculated in equation (26).

The data and calculation below are for Run No. 1 in Table VI. The
total energy input to the cell is given by the sum of the electrical
energy added and the heat added by the outer compartment heat. This is
equal to .

1n8.45 + 118.98 = 537.43 Joules. (36)
The measuréd heat given off in the calorimeter was 438.58 Joules. Thus,
from (24) AH is given by
" AH = 537.L3 - L38.58 = 498.85 Joules. - (37)
The extent of the reaction was such that 3.4603 x 10'h moles of hydrogen
were liberated. This corresponds to the decomposition of 3.4603 x 10',"

moles of water. The AH per mole of water is then
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98.85
(3.4603 x 10-4) (L4.18L0)

AH = + = 468,280 cal./mole of Hy0 .

(38)
This calculation was included in order to show the difference be-
tween reactions in which there is a net AH (decomposition of water in
this case) and those reactions in which the net AH is zero (such as silver

in the preceding calculation).
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