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Introduction

The object of this study is to determine the thermodynamic
properties, that is, the heat of reaction, Z\H, the free energy
change,AT, the entropy change, 1S and the equilibrium constant,K,
for the reaction

2HgO + Al -—-—-—-- A A10" i- 4H*\

This can be accomplished through potentiometric methods
since the bridge between thermodynamics and electrochemistry
exists In the equation

AT = -nFE,
where n equals the number of electrons transferred in the reaction,
7 is equal to the Faraday value and E equals the measured potential.

Studies of this nature are important because they enable us

to measure directly the changes in free energies and entropies of

electrolytic solutions which do not behave as ideal solutions.



Theoretical Discussion 1

A typical laboratory apparatus for a galvanic cell consists
of a suitable cell vessel, or vessels, two electrodes of different
metals, an electrolytic solution and an external circuit composed

of the necessary wires and voltmeter or potentiometer.

In the above diagram M, and Ma represent electrodes of
different metals immersed in a solution containing their ions
M* and respectively. If the external circuit is closed on
such a cell, a flow of current is observed. This flow of current
is caused by the difference in potential of the metal electrodes.
Of great importance to the chemist are the places where the
current flow transfers from the electrolyte to the electrode,
because those places are where chemical reactions occur. The
substance losing electrons is the one oxidized and, likewise,
the one gaining electrons is reduced, and it is in this fashion
that reactions occuring at electrode surfaces are called oxidation-
reduction type reactions. The following cell serves to illustrate
this kind of reaction.

-
Zn Zn Cu

n ——» Znt*+ 2e

2e m Cu*™*--> Cu
n Cud— »Zne> Cu



If reactions of this type are to be studied from a
thermodynamic point of view, the thermodynamic reversibility of
the cell must first be established. In order to have a
thermodynamically reversible process two conditions must be met.
The first is that the driving and opposing forces are only
infinitesimally different from each other, and secondly, that it
should be possible to reverse all changes taking place by applying
a force infinitesimally greater than the one acting.

When these conditions are met and the opposing and acting
forces are exactly equal, temperature and pressure remaining
constant, and assuming that no other chemical reaction takes place
within the cell itself, then equilibrium potentials can be
measured. This is to say that the acting emf is completely
controllable by the opposing emf. If there are any reactions
occurring independently of the acting and opposing emf"s, the
result is a non equilibrium situation, because only the reactions
at the electrodes are controllable. In the words of Gibbs,4 "1f no
changes take place in a cell except during the passage of current,
and all changes which accompany the current can be reversed by
reversing the current, the cell may be called the perfect
electrochemical apparatus.' Once these conditions are attained
the cell can be considered to be reversible and equilibrium
potentials thus measured can be converted to meaningful
thermodynamic functions.

The net electrical work obtained from a reaction which



yields a potential and supplies a quantity of electricity is QE.
If every equivalent of electricity, Q, is equal to one Faraday,
then for n equivalents Q equals nF equivalents. Therefore, the net
electrical work obtained at a given potential is,
Net Electrical Work = nFE

where n represents the number of equivalents, F is the Faraday value
and E is the measured potential.

According to thermodynamic principles, work obtained from a
reaction must be at the expense of the free energy of the system;
in other words, the electrical work done brings about a decrease in
the free energy. When the cell operates reversibly the potential is
a maximum, and, therefore, the difference in free energy must equal
the work done. Hence, the equation,

AF = -nFE (1)
from which it is seen that the reversible emf of the cell is
determined by the free energy changes taking place in the reactions
at the electrodes of the cell. This equation, therefore, is the
bridge between thermodynamics and electrochemistry.

Another fundamental thermodynamic relationship which can be
used in calculation is the Gibbs-Helmholtz equation which relates
free energy change to the change in heat content at constant

pressure. Thus,

&)



IT equation (1) is differentiated with respect to temperature then

M - -1, ®
]
Substitution of equations (3) and (1) into equation (2) gives the

following relation for AH.

-nFE -AH = -nFT E
T}P

AH = -nFE + nFTlHl
AH r nF, (It) "] (C)

Equation (4) readily permits calculation of the change in heat
content, AH, from the measured potential and the observed temperature.

Equation (2) shows that the difference between AF and AH is equal

to T [f’)]’ ) and since

MP— f].

= -nFT (E
and
AF - AH =T P'AF)
T P
then
AF - AH = -nFT h ®)
bT
From equation (6) it is seen that AF equals AH only when
the temperature coefficient, /<Je \ , IS zero. gf)
negative, then AF will be greater than AH. If £~ E\ is positive

\ot)P
then AH will be greater than AF.



It can be further shown that AH and AF can be equal to
each other only when the entropy change of the system is zero. From
thermodynamics it is known that the free energy change and the
change in heat content of a system are related to the entropy of
the system by the following equation.

AF -AH = TAS ®)

Substitution of equation (6) into equation (5) vyields,

-TAS = -nFT
[¢T/ P
AS = nF / E\ a
letsp

IT the temperature coefficient of the potential can be
obtained experimentally, then the entropy change for the reaction
can be calculated directly from equation (7).

Since the potentials observed are equilibrium potentials,
it is also possible to calculate the equilibrium constant for the

*
cell reaction by use of the calculated free energy change. For any
reaction the change in free energy at constant temperature is

given by the equation,

AF =AF°+ RTIn

al
where a; and a, are the activities of the products and reactants
respectively. However, at equilibrium AF = 0. Then,

0 = AF* + RTIn ar
a,

AF°= -RTInK ®
and from this equation the equilibrium constant for the cell

reaction may be calculated.
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Experimental Procedure
Apparatus:
1. Potentiometer: A Leeds-Northrup type K potentiometer complete
with galvanometer.
2. Standard cell: The standard cell used was a Weston cell having
a potential of 1.0177 volts.
3. Constant temperature bath complete with stirring motor and
electric heaters.
4. Experimental cell: Figure 1. The experimental cell was
constructed of ” inch glass tubing, A, about 12 centimeters in
length. In one end of the tubing was sealed a piece of platinum
foil, B, K centimeter wide and \\ centimeters long. The positive
pole of the cell was composed of mercury, C, in contact with the
platinum, and a paste, D, of mercury suspended in mercuric oxide.
The electrolyte used was water saturated with mercuric oxide.
Ordinary sheet aluminum cut in strips \ centimeter wide and 1%
centimeters long served as the negative pole, E, of the cell.
Surrounding the cell was a water jacket, F, which was connected to
the constant temperature bath.
Discussion:

In the early stages of the study very dilute solutions of
potassium hydroxide were used as electrolyte. However, a difficulty
was met in the dissolving of the aluminum electrode in the base,"* *
thus changing the character of the electrode and the solution,7,8

and causing erratic and fluctuating potentials. This difficulty



was overcome by using water saturated with mercuric oxide.
Another prominent difficulty encountered was the formation of
hydrogen gas on the surface of the electrode. This also had an
adverse effect on the potentials observed. To eliminate this
problem, the electrode was removed from the cell after each
temperature change and wiped off carefully to remove any hydrogen.
With these obstacles removed consistent data were obtainable.

Since the purpose undertaken was to measure the potential
and its temperature coefficient at 25 degrees C., the constant
temperature bath was regulated between 20 degrees C. and 30 degrees
C., and the potentials observed in this range were recorded. At
least fifteen minutes were required after each temperature change
for equilibrium to be established and a steady potential observed.
It was determined by plotting potential against temperature that
the overall cell potential at 25 degrees C. was 1.380 volts.
The slope of the curve at 25 degrees C. was -0.013 volt/degree.

Considering the following reaction,

2Ha0 + Al — > AlOg + 4MFf+ 3e™) 2
2e~+21% MgO— » Hg + MO ) 3
HA0 + 2A1 + 3HQgO----» 2A10~ + 3Hg + 2H+

and using the value 0.096 voltl*2 for the mercury-mercuric oxide
couple, then the calculated value for the formation of the aluminate
ion is 1.284 volts.

Substitution of the observed value, 1.380 volts, in the

equations derived in the theoretical discussion of this paper will



yield the thermodynamic entities involved with the formation of the
aluminate ion. Using this value in the so called "bridge equation",
AF - -nFE @
AF - -(3)(23069)(1.380)
AF Z - 95.6 Kcal/mole.

This value for the free energy change accompanying the
formation of the aluminate ion indicates that the reaction proceeds
spontaneously and with a decrease in the free energy of the system.

Scrutiny of equation (7) shows that the temperature
coefficient,|¢E\ , is really the slope of the line obtained when

(€40 My
potential 1is plotted against temperature. Taking the value -0.013

volt/degree at 25 degrees C. from the graph shown in figure 2., and

substituting it in equation (7) yields a value of -920 e. u.

@)
T/ P
AS = (3) (23069) (-0.013)
AS -920 e.u

The value for the Faraday in both equation (1) and (7) was taken as
23069 cal/mole.

Having calculated the free energy change,AF, and the entropy
change,AS, it is now possible to use equation (6) to arrive at a
value for the change in total heat content,AH, brought about by
the reaction.

AF  -AH - TAS (6)

AH -AF TAS
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A Hc -95.6 - (298)(920)

N H : -369.7 Kcal/mole
Thus, the change in total heat content is a decrease of
369.7 Kcal/mole.

As was shown in equation (9) of the theoretical discussion
the equilibrium constant for any reaction is related to the
standard free energy change and also to the standard potential by,

AF°= -RTInK = -nFE°
Therefore, in order to calculate the equilibrium constant for the
cell reaction, it is evident that the standard potential must be
known. This can be calculated as follows. The observed potential
is related to the standard potential by the equation,

E=eV RT In(@) o
nF

and for the reaction,
Ma0 -h 2A1 + 3HgO — »3Mg + 2A10~ + 2H"
the activity, (a@), in equation (10) is (aAIQaz(aMO 2. Equation (10)

then becomes,

E=E% RT In @ 2(a,+)2

6F H
E=E t RT In @ALG)(HD , @D
3F

The product of the activities of the aluminate ion and hydrogen

ion can be calculated from the i1onization constant of HAIOMN .

K~ ( )@AIoD)
<aHAIOA>

K(aHAlOa>= (V> <aAlo->
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13 for K and making the assumption

1

Using the value 6.3 X 10
that ) does not exceed 1 X 10 0 then,
(aH+H)(a } = (6.3 X 10"13)(1 X 10710)
23
V> <aAlo—> 6*3X 10

23

Rearranging equation (11) and substituting 6.3 X 10 °° for activity

and 1.380 for E gives,
o -23.
E°—- 1.380 + (0.0197)(log 6.3 X 10

E°= 1.380

+

(0.0197)(-22.22)

E*= 1.380 - .438

E° = 0.942
And since,
AF°® = -RTIn K = -nFE®
then,
In K = nFE
RT
log K = (3)(23069)(0.942)

(4.575)(298)
log K - 47
K= 1X 1047
The large value of K indicates that the reaction proceeds far

to the right, which means that the reaction is very complete.



50

40

30

20

21

22

23

24

25

26

27

28

29



Summary

It has been shown in this study how the thermodynamic
functions for a cell reaction can be determined from measured
potentials. The values obtained, AH - -369.7 Kcal/mole, AF = -95.
Kcal/mole and AS = -920 e.u., appear, at first glance, to be
rather large, but further consideration shows that this can be
accounted for by the fact that there are three equivalents per
mole involved in the reaction. The large value for K, 1 X 1047,

indicates that the equilibrium is far to the right.
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