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CHAPTER I

INTRODUCTION

In the field of electrochemistry there has 

been a vast amount of work done in determining the 

standard potentials of various systems. The im

portance of calculating these standard potentials 

can clearly be seen since they are of use in ob

taining equilibrium constants and activity coef

ficients of solutes. The standard potential may 

be defined as the emf of an electrode or cell when 

all ions of the system are at unit activity . 1

Although standard potentials have been 

calculated for many mercury systems, data con

cerning the standard potential for the mercuric- 

mercurous system in the .presence of chloride ion 

could not be obtained from available literature.

The object of this study then is to determine this 

standard potential. This is attempted by deter

mining the electrode potentials of mercuric chlor

ide and potassium chloride solutions of varying 

concentrations measured against the saturated

1. M. Dole, Experimental and Theoretical 
Electrochemistry, 263.
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CHAPTER II

THEORETICAL DISCUSSION

A. Oxidation-Reduction Potentials

When an inert electrode is placed in a sol

ution which has two soluble oxidation-reduction 

conjugate components, the potential impressed on 

the electrode is described as an "oxidation- 

reduction" potential. If the oxidation-reduction 

pair consists of ions of a metal of charges +1 and 

+2 , the system may be represented as

(Pt) M+, M++.

Hence the chemical equilibrium would be

M ^ M * *  + 1 e~

The reaction at an oxidation-reduction 

electrode of this type is either on oxidation of 

the reduced state or reduction of the oxidized 

state. In order that it can behave reversibly, 

the reaction being capable of occurring in either 

direction, a reversible oxidation system must con-
t

tain both the oxidized and reduced states.

Any change in the system which would 

affect the quantity of electrons that are deposited 

or removed from the electrode would interfere
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with the equilibrium, and therefore would change 

the potential of the electrode. At equilibrium the 

potential equals zero, since each ion is undergoing 
reaction at the same rate at which it is being 

formed. As is indicated by the Nernst equation:

E » E° - RT In
nF a®

where the "a*s” in the numerator are the activities 

of the products, and those in the denominator the 

activities of the reactants, and E° is equal to the 

standard potential of the system. Since the po

tential of any electrode is a function of the init

ial and final activities of the ions, the potential 

of a system is affected by any change in the act

ivity of either of the ions in the system.
»

B. Standard Potentials

In the previous discussion, it was shown 

that the potential of any electrode is a function 

of the initial and final activities of the ions. 

This system may also be expressed in a general 

form applicable to electrodes of all types . 1

1. S. Glasstone, An Introduction to 
Ele ctrochemistry, 26 7.
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Reduced s t a t e d  Oxidized State + n Electrons
Using the Nernst equation we have:

E = E° - ST In Oxidized state 
nF Reduced state

where n is equal to the number of electrons in the 

partial. It is evident by the equation, that when 

the ions are at unit activity, E becomes equal to 

E° which is called the standard potential. But
I

in any cell there 'must be at least two partial 
reacti ons

aA + ne"--->- kK (1)

bB - ne"---1L (2)

On adding equations (1) and (2) , we obtain the 
cell reaction

aA +■ bB- kK + 1L ( 3 )

Applying the Nernst equation to equation (3),

( 4 )E = EO - ST in *g ak „ 1
LnF a b a. a A B

The effective ion concentration of K, or 

the activity of K, is equal to the molality of K 

multiplied by the activity coefficient ” JT. " 

Substituting for the activities in equation (4) 

we have :
E = E° - ST_ ln(m| tf!) (mL*L)

nF K (6)



Rearranging the equation and putting the values 

which are experimentally known on the left side 

we obtain:

If we represent the left side of this equation by 

Er, the various values of E' (calculated from 

measured values of E and known concentrations m) 

can be plotted against the concentration. Extra

polation of the plot to zero concentration will give 

E<>, because at infinite dilution all the terms 

become unity.

C. Determination of Standard Potentials

standard potential involves setting up electrodes»

containing the oxidized and reduced forms at known 

concentrations, and measuring the potential by
■ lcombination with a suitable reference electrode.

To illustrate the method, let us consider 

the cellî

Since both of these electrodes are reversible to

k 1
E°- KI in E L

nF a b
A B

( 6 )

In principié the determination of the

1 S, Glasstone, op . cit . , 240.
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the ions of the electrolyte, they may be immersed 

directly into the same solution to yield a cell 

possessing no liquid junction. The entire emf of 

the cell therefore is composed of the emf ’ s exist

ing at the electrode-solution interfaces.

Presupposing that the cell is written 

correctly, i.e., that the Hg electrode is negative, 

we obtain for the oxidation at the electrode,

Cl" + Hg---l/2 HggCls + le (7)

and for this partial reaction the potential is 

represented as
0 RT 1

EHE- E Hg—HgaCls ' —

For the reduction at the positive electrode we have,

le + Hg Cl 4~---v l/2Hg2C12 + 3C1* (8 )

and for this partial,

E EHgCl=-Hg2Cls
RT In l0 l-

LHgCl<
(8a)

Adding the equations (7) and (8 ) the cell reaction 

follows as,
/

HgCl4~ * Hg---HgsC12 + 2C1- (9)

while the emf of the cell is given by the sum of 

the equations (7a) and (8a),
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Eeell~ Kell - SI lnnF
aci-
lHgCl.

Hg-Hg2Cl2 HgClJ-HgsC12 nF- ZSIlaa,,. +£Z.lnaCl* nF HgCl4
(9a)

Since the activity of a binary univalent compound 

is related at any molality, m, and to the mean 

activity coeff ic ient JT by the expression

aci~ = mci- y ci"

we may substitute in equation (9a) to obtain,

E

Rearranging equation (10) so that all known exper

imental values are on the left side of the equation 

we have,

E + E°Hg-Hg2Cls 5Z. In m 
nF HgCl =

2RT
nF

In mCl“

( 1 0 )

EHgClj-Hg2Cl2 +
RT
nF In *HgC 1,

ZRl
nF In if _ Cl (1 1 )

E _° RT
^g"Fg2Cl2 np

As was shown in the preceding section, the 

activities of ions approach unity as the molality 

approached zero. At zero molality, the logarithms

(12)
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of the activity coefficients drop-out of equation 

(11), and the E*, of the left side of the equation 

becomes equal to the standard potential, E°, of the 

mercuric-mercurous system.
In calculating ionic strength (which is a 

measure of the intensity of the electrical field 

due to the ions in solution,) it is necessary to 

use the actual ionic concentration or the molality. 

It is given the symbo and is defined as one- 

half the sum of the terms obtained by multiplying 

the molality of each ion present in the solution 

by the square of its valence; that is

JX. - l/ 2X  miZi 1

D. Theoretical Standard Potential

If a system involving the chemical process »
aA + bB ^ 1L * mM

is in a state of equilibrium, the equilibrium

constant may be represented as
«1K =* aL aH «a n  b aA aB (13)

If the various substances are at arbitrary 

activities other than the equilibrium values the 1

1. D. Mac Innés, The Principles of 
Ele ctrochemistry, 147.
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transfer process is accompanied by a definite 

change of free energy and the increase of free en

ergy at a constant temperature is given by,

« 1 _ m-AF = RTlnK - RT In L aM (1 4 )
aA aB ■

If the activities are all equal to unity

we have

-AF° = RT In K (15)

where AF° is the standard free energy change of the 

process. Now when all substances are in their 

standard states the emf is the standard potential 

for a given cell. If the reaction under considera

tion occurs for the passage of n Faradays of elec
tricity then the standard free energy change F° is 

equal to -nFE° and by the above equation,

nFB° - RT In K (16)

Rearranging equation (16) we can obtain,

E 0 « P?- In K (1 7)
nF

Therefore if the equilibrium constant of a reaction
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is known, the standard potential of that reaction 

can be calculated by using equation (17),

If chemical equations are obtained for which 

equilibrium constants are known, we can calculate 

the equation and the equilibrium constant which is 

to be investigated. The following equations can be 

used for the system to be investigated:

HgCl4tt— Hg + * + 4C1” K - 1 . 1  x 1 0 - 1 6 1

„ + +Hg !/2Hga** K * 1.69 x 101B s

l / 2Hgs*+ ♦ Cl’ — ^l/2HgsCls K - 1
1 .2xl0“ie

3

By combining these equations and their equilibrium 

constants we obtain equation (8 )

HgCl4 =— *.l/2HgsCls + 3C1" K = 2.4 x 1 0 ®

Substituting into equation (17) the theoretical 

standard potential is calculated as:

E° =* .492 volts

1 . W. M. Latimer, The Oxidation States of
the Elements and vTheir Potentials in Aqueous 
Solutions, 164,

2. Latimer, op_. cit., 162.

3. L. P. Hammett, Solutions of Elect
rolytes , 40,
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Divalent mercury is actually present in a 

mercuric chloride solution in at least four diff

erent states of combination with chloride ions: 

Eg**, HgC 1+, HgCl2 and HgCl4=. Each of these ions 

is capable of being reduced to the mercurous state 

by elemental mercury, the equations for these 

reactions being, respectively

Hg + * + Hg + 2C1~ -- -► H SaCl3 (a)

HgCl + + H g +i Cl“ -- (► Hg2C12 ( M
HgCls + Hg -- *- HgsCls (o)

HgCl4= + Hg -----V- HgsCls + 2Cl“(d)
In section C above, an expression for the standard 

potential (equation 1 2 for reaction "d")was devel

oped. The corresponding expressions for the other
*possible reactions are as follows:

E * a E + EHg-Hg2Cl3- 2RTi RTi _ _ _ l n m Ci_ - _ l n m Hg4+ (18)

E ‘ = E + EHg-Hg2 Cl3“
PT RT 
■ 7 lnmCl- - — lnmHE01* (19)

E* = E + 3Hg-Hg2 Cl2" —  In m„ 
F

(2 0 )
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In addition, the value of E° for the

reduction in equation (d) was calculated in section

D above. Similar calculations made for the other
possible reactions are:

o
E ++- * 1.44 volts
He -h Es c i 2

EHECl2 -HgsCla" , 6 2 Tolts

A calculated E° for the HgC 1 as an ox id i z ing

agent has not been found in the literature.

In this study apparent values of E‘ and of 
oE for each mercuric component was determined by 

measuring the potentials of solutions containing 

mercuric and potassium chlorides at known concen

trations using a mercury-calomel pair for one

electrode and a platinum electrode immersed in the»
solutions
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CHAPTER III

EXPERIMENTAL PROCEDURE

A. Preparation of Materials
Since this cell can be studied without the 

use of a liquid junction, a 25 x 150 mm pyrex test 

tube with two platinum electrodes inserted through 

a two hole stopper was used. The holes of the 

stopper were bored so that one of the electrodes 

(Hg) remained stationary for all readings, while the 

second electrode could be adjusted for any volume 

of solution used.
For the preparation of the mercury elect

rode, Mallinckrodt Analytical Grade Mercury was 

purified by passing in a fine stream through two 

successive ¡columns of ten per cent nitric acid, 

and washing with water. After the washing with 

water the mercury was dried at 120°C, and placed in 

a stoppered bottle until needed . 1

The electrodes were prepared from thin 

sheets of platinum and sealed into pieces of 

glass tubing. Each electrode tube was filled with

1. E. H. Archibald, The Preparation of 
Pure Inorganic Substances, 104.
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purified mercury and a copper wire was inserted
s

into the tube. This wire was sealed into the elect

rode with sealing wax. All electrodes were washed 

in concentrated nitric acid; dilute nitric acid, 

and finally with distilled water. The electrodes 

were stored in distilled water until used. Eimer 

and Amend Purity Reagent Potassium Chloride was 

twice recrystallized from distilled water, and the 

resulting crystals were suction filtered, air 

dried, and placed in a suitable container. Mallin- 

krodt Analytical Reagent Grade Mercurous Chloride 

was washed five times with distilled water; air 

dried, and placed in a suitable container. Eimer 
and Amend Tested Purity Reagent Mercuric Chloride 

was dried above calcium chloride for 36 hours at 

room temperature.

B. Solutions for Measurements

Since the cell was designed so that the 

solution could be diluted after each equilibrium 

was attained, a stock solution was prepared which , 

was 0 . 5  molal with respect to mercuric chloride 

and . 2 molal with respect to potassium chloride.

The calculated amount of dried mercuric chloride 

was weighed on an analytical balance and put into 

a liter flask. Purified dry potassium chloride
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was weighed and put into the same flask with the 

mercuric chloride. These salts were diluted with 

1000 grams of distilled water at 25°C. In the 

dilution of the cell solution, the weight of the 

water added was found from its density and the 

volume at 25°C,

C. Measurement of Electrode Potentials

Measurements of potential difference 

between the mercury electrode and the platinum 

electrode were made using a Leeds and Northrup 

type K potentiometer with a Leeds and Northrup 

type R high sensitivity galvanometer and an Eppley 

Standard Cell.
It was found that the time required for 

a series of constant readings varied from four 

to five days. Equilibrium was very unstable and 

the slightest movement of the cell or electrode 

affected the potential. However, after remaining 

constant for two days, a gradual decrease in 

potential was observed. This was thought to be 

due to a change in concentration of the mercuric 

ion; therefore, upon reaching equilibrium,
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the mercuric ion concentration in 

determined by titration with potas 

following the method of Sutton . 1

each

siuffl

cell was 

iodide

1, F. Suttôn, A Systematic Handbook of 
Volumetric Analysis, 264.
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CHAPTER V

DISCUSSION OF RESULTS

Concentrations of the various mercuric con

stituents in the solution were calculated using the 

equilibrium constants given by Sherrill (Table 1). 

Apparent values of E* (Table 2) were plotted 

against the square root of the ionic strength 

(Graphs I and II)» On extrapolation, the apparent 

standard potentials of the system were found to be 
as follows:

System Calculated E° Experiment
HgCl4 =-Hg3Cl2 .492 .49
HgCl2 -Hg2 Cl2 .62 .61
Hg++-Hg2Cl3 1.44 1.4
HgCl*-Hg2 Cl2 - 1.05

Since the experimental values agree closely with

the calculated values of the mercuric constituents,

it is indicated that the standard potential of the 
+HgCl -HgsCls system is 1.05 volts.

The need for a mathematical investigation 

of the chemical potentials of the various mercuric 

constituents as they might be related through both 

ionization constants and electrode potentials is

ind icated



CHAPTER VI

CONCLUSIONS

1. A cell for the system

Hgf HgaCla KCl,HgCla,(Pt) 
was devised and found satisfactory.

2. Electrode potentials for the cell were 

measured for mercuric chloride solutions at concen

trations between .05 molal - .0009 molal.

3. Standard potentials for the various

N mercuric combinations with chloride ions were cal

culated and verified experimentally.
4. A standard potential 6f 1.05 volts for 

the HgCl+-HgsCls system was proposed.
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