
THE ELECTROCHEMICAL PROPERTIES OP THE 

MERCURY/LITHIUM NITRATE-POTASSIUM 

NITRATE EUTECTIC INTERFACE 

APPROVED: 

Graduate Committee 

Major Professor 

Minor Pnofe 
/Z^/7 IAJ 

Committee 

C ommi 11 e a-iMemb e r 

C otirn 11 e e JTeMb e r 

FA SL A r C 
Director. Department of Chemistry 

Dea.n of the Graduate, School 



THE ELECTROCHEMICAL PROPERTIES OF THE 

MERCURY/LITHIUM NITRATE-POTASSIUM 

NITRATE EUTECTIC INTERFACE 

DISSERTATION 

Presented to the Graduate Council of the 

North Texas State University in Partial 

Fulfillment of the Requirements 

For the Degree of 

DOCTOR OF PHILOSOPHY 

By 

David Roy Flinn, B. S., M. Ed. 

Denton, Texas 

August, 1968 



TABLE OP CONTENTS 

Page 

ACKNOWLEDGMENT iv 

LIST OP TABLES v 

LIST OP ILLUSTRATIONS . . . . . . . . . vi 
Chapter 

I. INTRODUCTION . . . . 1 

The Electrode-Solution Interface 
Methods of'Measurements of Double 

Layer Capacity 

II. MEASUREMENT OP THE DOUBLE LAYER CAPACITY 
AT THE MERCURY/LITHIUM NITRATE-POTASSIUM 
NITRATE EUTECTIC INTERFACE BY THE 
COULOSTATIC METHOD . . . . . . 11 

Experimental and Results 
Discussion 

III. KINETICS OP THE NICKEL(II) REDUCTION AT 
THE HANGING AMALGAM ELECTRODE IN FUSED 
POTASSIUM NITRATE-LITHIUM NITRATE 
EUTECTIC BY THE COULOSTATIC METHOD . . . . 71 

Experimental and Results 
Discussion 

BIBLIOGRAPHY . . . . ' 100 

iii 



ACKNOWLEDGMENT 

The financial support of this investigation by the 

Robert A. Welch Foundation is gratefully acknowledged. 

iv 



LIST OP TABLES-

Table Page 

I. Potential-Time Responses at the Mercury-
Surface During Constant Current Charging 
and Discharging 15 

IX. Calibration of Circuit of Figure 2 by Use 
of Substituted Equivalent Circuit . . . . 35 

III. Galvanostatic Calibration of Circuit of 
Figure* 2 by Use of Substituted Equiva-
lent Circuit . . . . . . * . . . . . . » 37 

IV. Calibration of Circuit of Figure 2 by Use 
of Substituted Equivalent Circuit in 
the Presence of a Large Direct Current 
Component 39 

V. Double Layer Capacities as Determined by 
the Coulostatic Method . . . . . . . . . I4.2 

VI. Double Layer Capacities as Determined by 
the Galvanostatic Method . . . . . . . . $1 

VII * Double Layer Capacities as Determined by 
the Coulostatic Method in the Presence 
of !| x 10-3 Mole Fraction Bromide Ion . . 51+ 

VIII# Corrections to the Observed Slope of the 
Log?\ -Time Curves for Determination of 
Kinetic Parameters 85 



LIST OP ILLUSTRATIONS 

Figure Page 

1. Electrochemical Cell Used for Determination 
of Double Layer Capacities . . . 19 

2. Coulostatic Circuit for Measurement of 

Potential-Time Curves . . . . . 21 

3 • Cell Response to Coulostatic Charging . . „ . . 2ij. 

Equations Used in Calculation of Electrode 
Capacity . 27 

%. Equivalent Circuit Used in Calibration of 
Coulostatic Circuit 32 

6« Temperature Dependence of Capacity-Potential 
Curves for Pure Melt . I4.6 

7• Capacity-Potential Curves for Melt Containing 
Added Bromide Ion £6 

8. Comparison Capacity-Potential Curves for 
Present Investigation and for Other 
Investigations . . . 63 

9. Dependence of Slope of Log )\ -Time Decay 
on Nickel(II) Concentration . . . . . . . . 89 

10. Log A.-Time Response of Cell for Nickel(II) 
Reduction . . ' 9l+ 

vi 



CHAPTER I 

INTRODUCTION 

The Electrode-Solution Interface 

The first investigation in the area of properties of 

the metal-molten salt interface was performed by Hevesey 

and Lorenz in 1910 (13), but intensive study in this area 

was not begun until about 19i|.0. Interest in measurement 

of all conceivable properties of molten salt systems was 

brought about by attempts to utilize molten salts in nu-

clear reactor systems and as solvent systems for separa-

tions of radioactive nuclides with the post-World War II 

interest in large, power producing nuclear reactors. 

Many attempts have been made to theoretically predict 

or explain observed bulk physical properties of molten salt 

systems, but most of these attempts have failed due to in-

adequate understanding of molten salt structures. 

No single theory of molten salt structure is available, 

As Bloom and Bockris point out (1), many of the theories 

which seem to fit the data best have in fact been caused to 

do so by introduction of a large number of adjustable para-

meters. It is difficult to ascertain where theory ends and 

empirical equations begin. 



Prediction of properties of the interface between a 

metal surface and a molten salt is undoubtedly at least as 

complicated as the prediction of molten salt bulk proper-

ties, due to simultaneous interaction of the molten salt 

with itself and with the metal surface. 

The physical property of interest here is the electri-

cal double layer capacity of the interface between liquid 

mercury and a molten salt, specifically a lithium nitrate-

potassium nitrate eutectic mixture. The topic of Chapter 

III, the measurement of the kinetically slow electrochemi-

cal reduction of Ni(II) in this molten salt solution, is 

dependent upon this capacity measurement. 

Electrical capacity measurements of the metal-molten 

salt interface have been made utilizing, instrumentation 

developed for use in aqueous solutions. Many of these 

measurements have led to incorrect conclusions due to the 

failure of the investigator to recognize the distinct dif-

ferences between molten salts and aqueous solutions. 

The capacity of the interface between two liquids may 

be determined by one of two methods. One of these methods 

assumes the validity of the G-ibbs adsorption isotherm equa-

tion for an interface at constant pressure, which is (8) 

d = ~ ^ n dut - SsdT . . . . . . (1), 

where Sg is the superficial density of entropy (entropy/unit 

area), FJ is the surface excess of component in moles/cm2 



X is the surface tension and u^ and are the respective 

chemical and electrochemical potentials in the bulk phase 

in which the species is present. If a potential difference 

is applied between a working electrode and a reference 

electrode,, a change in the charge density at the working 

electrode can occur, provided that this interface is polar-

izable. This change in charge density at the working elec-

trode results in a change in chemical and electrochemical 

potentials of molecules and ions in the solution, so that 

a change in the surface tension results. By equating the 

changes in the electrochemical potential of the electrons 

in the working electrode with those of the changes in the 

chemical and electrochemical potentials in solution, a re-

lation between Equation 1 and the charge on the electrode 

results: 

d )f = -qdE. - -Si-S— du - SqdT . . (2). 

± S)-

This equation may be differentiated with respect to poten-

tial at constant temperature and bulk chemical composition 

to yield 

-kH (3), 
T 

o 

where q is the charge/cm on the electrode, A second dif-* 

ferentiation yields the differential capacity of the double 

layer: 
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Equations 1 through l\. are the equations assumed to be 

valid when the double layer capacity is determined indi-

rectly through measurements of surface pension as a func-

tion of potential. Direct measurement of capacity by any 

of several electrical methods allows a check on the valid-

ity of the Gibbs equation. For aqueous systems, many inde-

pendent investigations have verified that the two methods 

give excellent correlation (9). Few correlation studies 

have been made in molten salt systems. The study by Bukun 

and TJkshe (2), using gallium in molten potassium chloride-

lithium chloride eutectic resulted in very good correlation 

between direct capacity measurements and electrocapillary 

curves (surface tension-potential measurements). 

No correlation study has been made using mercury in 

alkali nitrate melts. A lack of correlation between elec-

trocapillary curves and direct capacity measurements in the 

nitrate systems would prove nothing, however, due to the 

possibility of interfering chemical processes. As will be ,• 

discussed later, the ease of oxidation of mercury in the : 

nitrate system complicates all measurements made in this 

system. A surface tension-potential curve was determined 



by Hevesey and Lorenz in 1910 (13) for mercury in the 

lithium nitrate-potassium nitrate eutectic system. They 

made no attempt to dry their melt and did not obtain ab-

solute surface tension measurements, reporting only in 

relative units. 

Methods of Measurement of Double Layer Oapacity 

Many methods have been devised to study double layer 

capacities and electrochemical kinetics. The three methods 

which will be discussed here are those pertinent to the 

present investigation. 

The alternating current impedance bridge method is the 

most widely used method for determination of double layer 

capacities. This method was developed by D. C. Grahame (10), 

and he has worked out the complete theory of this method for 

the determination of double layer capacities and electro-

chemical kinetic parameters. In the method a small sinus-

oidal signal is applied to an electrochemical cell which 

is placed in an arm of a bridge. The resistive and capaci-

tive components of this cell are balanced at various applied 

direct current voltages. This method has a major weakness 

in that the capacity of many electrode systems is frequency 

dependent. As shown by Ukshe and co-workers (16, 17), the 

measured capacity In a molten salt system may be too high 

by as much as a factor of two at low frequencies. They 

attributed this frequency dependence to creepage of melt 



up the dropping metal capillary electrode which is used in 

this method, and to high velocities of electrochemical re-

actions occurring at this electrode, even in the pure melt. 

The one great advantage the alternating current impedance 

bridge method has over the other methods is that the meas-

urements taken are an average of several separate measure-

ments, so that a single spurious signal will not render the 

determination invalid. 

The other two methods are very similar in electrical 

circuitry and involve only a difference in time intervals. 

The galvanostatic method involves charging an electrochemi-

cal cell by the use of a constant, known current (6). By 

observation of the slope of the potential-time response of 

the cell, the double layer capacity may be determined. 

This method has a major weakness in that any process pres-

ent which can utilize this charge appears as a component 

of the determined capacity. If the concentration and the 

diffusion coefficient of the interfering ion are known, the 

electrochemical kinetics of the reaction may be studied by 

this method. 

The third method is the coulostatic or charge-step 

method (3 , J+). This method involves charging an electro- / 

chemical cell with a known charge increment in a very '• 

short period of time. By observation of the potential in-

crement given the electrode in this charging period, the 



double layer capacity may be determined. Only fast elec-

trochemical reactions will contribute to the apparent 

capacity as determined by this method, and then only when 

the cell potential is at the electrode potential for that 

interfering reaction. The analysis of the potential-time 

curves after charging also allows the determination of 

electrochemical kinetic parameters when a reducible ion 

is present. 

The coulostatic method is the principal method used 

in this investigation. This method has b.een applied to 

many aqueous systems, yielding results in close agreement 

with other methods (£, 7s J-l» 12)„ The simplicity of the 

data interpretation is the most obvious advantage of the 

coulostatic method over other methods. The disadvantage 

of this method is the single determination techniques re-

quired by the electronics used, so that a single electrical 

signal in error or an incorrect surface area of the single 

drop used can give a completely incorrect piece of data 

which can only be checked by another single measurement 

or series of such measurements. No mechanism for averag-

ing of a series of responses has as yet been devised. 

The double layer capacity may be determined from the 

equations ! 

yt — ^ # _ » * 

v t = o = ~"c~j 
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where A q is the charge Increment given the cell, *\t=o 

ia the voltage increment resulting from the charge incre-

ment, and is the double layer capacity ([{.). 

In the case where an ion is present which may be 

electrochemically reduced at the electrode, the overvolt-

age is then a logarithmic function of time provided that 

the reduction is a kinetically slow reaction. This rela-

tion is given by (5): 

- exp 
Ig nP 

ca Ri 

] 
. (6), 

where n, F, R, T have their usual significance,, and I a is 

the exchange current density. A plot of log f\ against time 

is linear for a reaction in which the electron transfer is 

the slow step in the reaction. The value of Iq may be 

determined from the slope of the log against time plot. 

Equation 6 is applicable if f\ Is less than about 10 milli-

volts. Kinetic data is normally reported in the form of 

standard reaction rate constants, kg, This rate constant 

is related to the exchange current density through the 

equation (5) 

1° = nPk° Co" ^ CR* (7)i 

where Cq and Cjj are concentrations of the oxidized and re-

duced materials respectively, and «< is the transfer co-

efficient,, 



The original purpose of this investigation was to 

attempt to apply the coulostatic method directly to a 

molten salt system. The inability to duplicate the re-

ported capacity data for this system resulted in an 

investigation of the probable cause of this discrepancy 

between the data obtained by these different methods 

(11+, 15). 
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CHAPTER II 

MEASUREMENT OP THE DOUBLE LAYER CAPACITY AT THE 

MERCURY/LITHIUM NITRATE-POTASSIUM NITRATE 

EUTECTIC INTERFACE BY THE 

COULOSTATIC METHOD 

Experimental and Results 

Reagents 

Potassium nitrate and lithium nitrate were obtained 

from J. T. Baker Chemical Company, Phillipsburg, New Jersey, 

and were of reagent grade quality. Spectroscopic grade po-

tassium bromide was obtained from Matheson Coleman and Bell, 

Norwood, Ohio. Elemental mercury obtained from J. T. Baker 

Chemical Company, was 99.9996 per cent pure and was acid 

washed and freshly distilled before use. Helium used as 

purge gas was obtained from the Big Three Industrial Gas 

and Equipment Company, Houston, Texas, and was of 99.995 per 

cent purity. All other chemicals used were of reagent grade 

quality. 

An Electrochemical Study of Mercury in Molten Potassium ; 

Nitrate-Lithium Nitrate Eutectic ' 

The eutectic point for the potassium nitrate-lithium 

nitrate mixture occurs at £8 mole per cent (67 weight per 

11 
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cent) potassium nitrate (11, 17), with a melting point of 

120°0. Some of the early workers (5>) incorrectly inter-

preted the phase diagram for this system, with the result 

that several later papers by other authors have perpetuated 

this error. 

The eutectic mixture was prepared from oven dried 

salts. The oven dried salts were weighed, mixed together, 

and slowly melted at 160°C. This molten mixture was then 

filtered through a fine glass pyrex frit and transferred 

into the operating cell. While dry helium purged the melt, 

pre-electrolysis between two large platinum electrodes was 

allowed to continue for about twenty-four hours at a po-

tential difference of 1.2 V. The anode was separated from 

the remainder of the cell by a fritted glass compartment, 

and the contents of this compartment were discarded after 

the electrolysis. 

Preliminary attempts to apply the coulostatic method 

to the eutectic melt system indicated that the mercury was 

in some manner being acted upon by the molten salt. The 

open circuit potential of a mercury drop with respect to 

a reference electrode was observed to drift with time. 

Also, the inability to hang a mercury drop on an amalgam-

ated platinum wire submerged in the molten salt indicated • 

the possibility of oxide formation on the mercury surface. 

For these reasons, a study was made of the electrochemical 
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properties of mercury in the potassium nitrate-lithium 

nitrate eutectic. 

The first cell studied consisted of a three electrode 

system. A' mercury pool electrode and a platinum foil 

O 

electrode, each having an area of about 5 cm , were used 

as the current carrying portion of the circuit. The refer-

ence electrode used to monitor the potential of the mercury 

pool electrode was a silver-silver chloride wire in con-

tact with the eutectic melt which contained 1 per cent 

potassium chloride. This reference electrode was separated 

from the remainder of the melt by a compartment fitted with 

a fine pyrex porous glass disc. This reference electrode 

had been reported to be a reliable reference electrode in 

alkali nitrate melts (I4.), but later work showed this not 

to be the case0 

The first series of experiments consisted of passing 

current from, a current source through the mercury pool-

platinum electrode pair, and observing the mercury-refer-

ence electrode potential. The current source was a 

constant current supply obtained from the Electrochem Com-

pany, Olympia, Washington. This instrument supplies a 

current which is constant to within 0.1 per cent over a 

current range of 1-300 mA. The potential was monitored by 

a Leeds and Northrup 7I4.OI pH meter, using the millivolt 

scale. The millivolt readings were accurate to within 2 mV 

when checked with ja Leeds and Northrup 8691 potentiometer. 
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At the operating temperature of l69°G, the open cir-

cuit potential between the mercury and platinum was 0.100 V, 

with the platinum the negative electrode. The open circuit 

potential between mercury and the reference electrode was 

0.11|5> V, the reference electrode being positive. 

Passage of current from the constant current source 

in the direction which caused mercury to become the anode 

showed the production of some material at the mercury sur-

face whose concentration was dependent upon the total 

charge passed and the length of time involved. During the 

passage of a 1.2i| mA current, the mercury potential rapidly 

moved to a potential of + 1.05 V compared to the reference 

electrodej and slowly increased toward 1.10 V after several 

seconds of current passage,, Upon reversal of the direction 

of currents, the time required for the potential to return 

to the rest potential of 0.1i|5 V was observed, A series 

of this type was run in which the current was turned off 

for various periods of time with the cell at open circuit 

prior to the current reversal step. The results of this 

experiment are shown in Table I. This table shows that 

some oxidation product at the mercury electrode is capable 

of being reduced and that this oxidized material is removed 

from the electrode by some time-dependent process. The most 

likely oxidation product at this electrode would seem to be 

mercurous oxide (llj.), which is slowly soluble in the melt. 



TABLE I 

POTENTIAL-TIME RESPONSE AT THE MERCURY 
SURFACE DURING CONSTANT CURRENT 

CHARGING AND DISCHARGING 

15 

4 

Time Current Passed 
at 1.21}. mA (sec) 

• Time Wait for Cur-
rent Reversal (sec) 

Time Required for 
Potential to Return 
to Rest Value (sec) 

30 0 12 

50 0 1? 

90 0 26 

150 0 

200 0 62 

300 0 92 

700 0 155 

300 20 113 

300 60 96 

300 100 80 

, 300 107 85 

300 200 60 

300 300 38 

o
 

, 
o
 

500 23 
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In an effort to examine this system more closely, the 

constant current source was replaced by a potentiostat, 

Model I4.7OO, made by the Anotrol Division of Continental 

Oil Corporation. This instrument was used to maintain a 

set potential between the mercury pool and reference elec-

trodes by automatically adjusting the current between the 

mercury electrode and the platinum counter electrode. The 

results of this experiment showed that the point of mini-

mum current between the platinum and mercury electrodes 

resulted when the potential control circuit was set between 

zero and 0„05> V, the reference electrode being the negative 

electrode. The current between the platinum and mercury 

electrodes was observed to be less than 10 jiA through this 

region, with the direction of current changing at about 

0.05 V. The potential between the platinum and mercury 

electrodes changed from 0.5>O V at zero potential control 

voltage to 0.10 V'at the 0,0£ control voltage setting, the 

platinum being the positive electrode in both cases. As 

the potential control voltage was increased to greater 

than 0.05 V, the mercury electrode' became positive with 

respect to the platinum, and the observed current sharply 

increased. This experiment showed that as long as the 

platinum electrode is kept more positive than the mercury 1 

electrode, rather large potential differences do not result 

in a large change in the observed current. The platinum-

mercury electrode pair is polarizable only if the mercury 

is negative with respect to the platinum. 
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Another simple experiment used was to impress a known 

potential difference between the mercury-platinum electrode 

pair, and allow this system about twelve hours to come to 

equilibrium. The constant current source was then used to 

determine the amount of reducible surface material present 

on the mercury. With the electrode pair left at open cir-

cuit overnight, a I.I4.I mA current flowing for 6„75> minutes 

was required to remove the reducible material. However, 

with the mercury electrode made 0.20 V more negative than 

the platinum electrode, the constant current charging pro-

cess exhibited no time required for the potential of the 

mercury-reference electrode pair to move to the typical 

1*05 V reading. 

It should be emphasized that there is no exact correla-

tion of the absolute potential difference of an electrode 

pair or the observed magnitude and direction of current with 

the surface state of the electrodes. However, the ability 

to add charge to an electrode for a considerable period of 

time before that electrode exhibits a potential change with 

respect to a reference electrode shows that the state of 

this particular electrode can be changed. 

Experimental Coulostatic Oircuit and Calibration ; 

Several types of cells were used during the investiga-

tion of the double layer capacity. The most trouble-free 

cell is shown in Figure 1 below. The molten salt container 
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is a pyrex 3-neck, 300 ml, reaction flask with standard 

taper 2l±/l\.0 ground glass joints. The molten salt was dried 

by purging with helium gas through a bubbling tube. The 

hanging mercury drop electrode was constructed of a boro-

silicate glass, Pyrex Code 3320, with a 0.7 mm platinum 

wire sealed into the tip of the electrode. This platinum 

wire was welded to a shielded coaxial cable, which was 

connected to the external circuit. The tip of the elec-

trode was amalgamated with mercury so that a mercury drop 

would hang from this tip in a reproducible manner. A 

counter electrode of platinum foil' of approximately 5 cm^ 

was welded to a length of platinum wire, which exits the 

cell through a ground glass stopper. This counter elec-

trode was originally a cylindrical shaped electrode which 

surrounded the hanging mercury electrode. However, studies 

showed that the geometry of the counter electrode and its 

position relative to the hanging mercury electrode were un-

important. For this reason, a large platinum foil counter 

electrode was used in most of the determinations. 

A Chrome1-Alumel thermocouple was used to monitor and 

control the temperature of the molten mixture. The ther-

mocouple well entered the reaction flask through the same 

glass joint as the counter electrode wire. This thermo- ! 

couple wire was connected to a Marshall Temperature Con-

troller, Model i|Ol4.9-2j?F. Although no study was made of 
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. 1 —ELCCTROCMCII ICAL CELL USD FOR DETERMI NAT ION OP 90UBLE 
U ) MCL,UI1 • « * . ( • > HCUUII OUTLET, (0) HEATINt 

iMNTUEj (») CYLINDRICAL FURNACE, (c) SANS BATH, ( f ) THERMOCOUPLE 
WCU-t («) HANOI NO HCRCURY 9R0f» ELECTRODE* (H) COUNTER ELECTRODE. 
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the temperature stability of the system, visual observa-

tion of the melt temperature with mercury thermometers and 

a separate Wheelco Model 192 thermocouple temperature indi-

cator showed that temperature fluctuations of no more than 

+ 1°0 could be expected. 

The temperature of the reaction flask was maintained 

by a pair of heating elements. The first element was con-

tained in a large cylindrical furnace which contained a 

sand bath. The reaction flask was placed in the sand bath, 

which was maintained at a temperature just less than the 

desired temperature by means of a variable transformer. 

Pinal temperature control was provided by a heating mantle 

surrounding the flask. The power input into this mantle 

was controlled by the Marshall controller. 

Several circuits were investigated before a satisfac-

tory one was developed. The final circuit which was used 

for most of the investigation is shown in Figure 2. This 

circuit differs from that used by Delahay to study fast 

electrode processes (7) in that he used a charged capacitor 

as the,charging source. Also, a wire shorting the leads of 

the oscilloscope has been added so that the residual current 

could flow up to the time of charging. The experimental 

necessity of this added wire was shown in the early part of 

this chapter. Without the wire, the 1 jxft. or greater residual 

current which is normally observed would necessitate a poten-

tial drop of at least 1 V across the 1 Mohm oscilloscope 
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impedance, or of many times that voltage across the high 

resistance diode in order to maintain the desired poten-

tial drop across the cell. 

Operation of the coulostatic circuit involved setting 

the desired potential of the hanging mercury drop electrode 

versus the platinum counter electrode on the potentiometer. 

Switch S was normally closed to allow passage of the resid-

ual direct current. On opening switch S, the oscilloscope 

sweep started and the oscilloscope trigger fired the pulse 

generator. The time interval between the opening of switch 

S and the initiation of oscilloscope sweep was measured and 

determined to be equal to 0 . m s e c . During this period of 

time, the potential difference between the pair of elec-

trodes did not perceptibly change when the potentiometer 

was set at 800 mV or less. However, at greater applied 

potentials, the residual current was greater, so that during 

the 0.34 msec time period the cell potential drifted by 

several millivolts. 

The amount, of charge delivered by the pulse generator 

was determined by the pulse generator settings and by the 

capacitive and resistive components of the circuit. The 

best value for R m was determined by trial and error. 
T 

Various sizes of resistors were tried until one was found ! 

which gave the best shaped charge in the shortest period 

of time as viewed across the resistor Rg. For coulostatic 
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charging, the total charge should be delivered as quickly 

as possible. The limitations of the rise time of the 

Tektronix D oscilloscope amplifier, required the pulse used 

to be about twice as long as the shortest- attainable, how-

ever, as the determination of the charging current from the 

potential-time response as viewed on the oscilliscope 

screen was too small for accurate measurement otherwise. 

Replacement of the D amplifier with a Tektronix ¥ amplifier 

during one series of measurements resulted in only slight 

improvement because the high bandwidth of this U amplifier 

allowed a great deal of noise to appear on the screen, ren-

dering the measurement of charging area difficult. 

In Figure 3(A), a representative picture is shown of 

the cell response to a coulostatic charging pulse. Also 

shown on the same picture is the potential-time response 

of the 10 ohm standard viewing resistor during the charging. 

It is seen from this picture that the charging is essen-

tially complete in 0.7 ^isec. The increment of potential 

which has been gained by the cell is seen to decrease with 

time. In Figure 3(B), a plot of the logarithm of the over-

voltage versus time shows that the overvoltage as presented 

on the oscilloscope screen is too high.for some 8 p,sec or 

more, but then quite closely follows a straight line after! 

this time. Other coulostatic curves obtained at slower 

sweep rates show this same type response, and are linear 
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over the entire time interval shown after the first few 

microseconds. The cause for this incorrect overvoltage 

reading during the first few microseconds after cell 

charging is due to saturation or overdriving of the oscil-

loscope vertical amplifier. During the charging period, 

the potential recorded by the oscilloscope includes the 

potential induced across the solution resistance. Al-

though the resistance of the molten salt is low, the cur-

rent flowing during charging is quite high. 'This results 

in a large potential produced during the charging period. 

The oscilloscope requires some 8 to 10 ;asec to recover 

from this overdriving. 

By integration of the area under the, charging curve, 

the total charge added to the cell may be determined. This 

measurement was made using a planimeter (model 601, Henschel 

Company, Germany). Dependent upon the size of the area 

measured, the precision of the measurement was 1 per cent 

or better. The arpas were determined relative to the 

60 cm^ total area shown on the Polaroid film used to re-

cord the oscilloscope response. 

As can be seen from the curve of Figure 3(B), the po-

tential after charging is not changing rapidly with time. 
I 

Use of the overpotential measurement at any point during ; 

the first 10 psec would change the calculated capacity 

only a few per cent. Throughout the calculations the 



26 

overvoltage was read directly from the Polariod film at 

8.}isec after the imitation of the pulse. 

For use of the circuit of Figure 2 for galvanostatic 

capacity determinations, only one change is required. The 

minimum potential setting of the pulse generator is 1.0 V, 

so that when the pulse generator pulse width control is 

increased to longer times for galvanostatic studies, the 

overvoltage produced in the operating cell is very large. 

To reduce the pulse current to an acceptable level, a 

voltage divider was constructed which lowered the pulse 

output by a factor of approximately eleven. By using this 

divider circuit attached directly to the pulse generator, 

the potential of the working cell could be changed by as 

little as Q.£> mv/psec. From this slope, the capacity of 

the cell is determined. 

Figure shows the equations used in making the calcu-

lations of capacity for the coulostatic and galvanostatic 

methods. For the measurement of charging current in the 

coulostatic studies, the majority of the measurements were 

made with an oscilloscope vertical sensitivity of f?0 mv/cm 

and a horizontal sweep rate of 0,10 psec/cm. In a typical 

experiment, the area measured under the charging curve was 

about IJ4..O cm^. This would correspond to a total charge I 

of 7.00 x 10~9 coulomb. Since thip charge was delivered 

in 0.7 Jisec or less, the average charging current was of 

the order of 10 mA or greater. 
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The size of the mercury drop used on the hanging mer-

cury drop electrode was the same throughout all of the 

measurements. These .drops were formed by use of a one-

microliter pipet (E. H. Sargent and Company S-6966O) with 

rated accuracy of + 0.01 ̂ 1. Assuming a spherical drop., 

— P P 

the surface area of such a drop is I4..8I4. x 10" cm . By 

visual examination of a drop hanging from the electrode, 

it was approximated that 0.32 x 10"^ cm^ of the drop was 

occluded by the contact to the electrode. In all final 
o 2 

calculations, an exposed surface area of 1(..5>2 x 10 cm 

was used as the drop area. 

Using the value of 7.00 x 10""̂  coulomb for the amount 

of charge added, I4..52 x 10"^ cm̂ " for the electrode surface 

area, and assuming an overvoltage of 0.010 V, Equation (B) 

from Figure I4. yields a value for the capacity of a typical 

sample of pJ?/cm . 

Equations ('k} and (C) of Figure I4. may be used to deter-

mine the cell capacity during galvanostatic charging. Using 

a typical set of data consisting of (a) vertical sensitivity 

for charging measurement of 1 mV-/cm, (b) horizontal sweep 

rate for charging measurement of 1 ̂ sec/cm, (c) 16.2? cm^ 

measured area under charging curve, (d) a 3 jisec charging 

period, (e) a slope of 0.531 as measured from the Polaroid; 

film with a vertical sensitivity of 1 mv/crn and a 

horizontal sweep rate of 1 ;isec/cm for the slope measure-

ment, a value of 22.9 pF/cwP is calculated for the capacity. 



29 

Since sensitivities, sweep rates and charging rates 

were not the same from a single determination to the next, 

calculations of the above type were required for each in-

dividual measurement, 
* r 

Another circuit similar to that shown in Figure 2 was 

used for some of the early work. This consisted of a 

three-electrode system in which the counter electrode-

oscilloscope connection in Figure 2 was replaced by a 

connection to a third electrode which served as a refer-

ence electrode. This reference electrode' consisted of the 

silver-silver chloride-1 per cent potassium chloride elec-

trode system which was used in the constant current work 

discussed in the early portion of this chapter. This re-

ference electrode proved to be unusable in this system due 

to experimental problems. With, the reference electrode 

contained in a compartment separated from the bulk melt by 

a porous fritted disc, the melt became contaminated quickly 

with chloride ion. An attempt was then made to replace 

the fritted glass separator with a fine capillary tube. 

The resistance of this capillary bridge was much too large, 

as the potential observed on the oscilloscope required 

about lj.0 jusec to approach the true value. Due to these 
f 

difficulties, a two-electrode system was used in the re- ! 

mainder of the work. 

Considerable amounts of data were compiled using a 

circuit which was similar to that shown in Figure 2, the 
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only difference being that the short-circuiting wire across 

the oscilloscope was not used. As the circuit diode and 

oscilloscope impedances prevented any reasonable current to 

flow in the circuit, the potential between the hanging mer-

cury drop electrode and the counter electrode was not 

determined by the potentiometer setting. The mercury was 

then essentially at open circuit. For this reason, the 

data determined by this method were discarded. Some later 

data were collected using this circuit for recording the 

amount of charge used in the coulostatic charging, but with 

the circuit of Figure 2 used to record the potential incre-

ment measurements for the charging. These data were also 

discarded, as there was no method available to ascertain the 

true charging current used* 

Three different calibrations of the circuit of Figure 

2 were performed in order to show the validity of the 

capacity measurements. Although all the calibrations fol-

lowed the same procedure, the values of the capacitors and 

resistors used varied so widely that the likelihood of 

coincidental agreement is very low. 

In the first calibration, a Model CD5>A standard ca-

pacitor from Cornell-Dubilier Electronics replaced the 

working cell,, The assumption in this case was that the 

working cell characteristic of importance to the investi-

gation was that of capacity. The standard capacitor value 

was known to be 0.0110 p.P, The calibration was carried out 
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using two amplifier bandwidths. The Tektronix D amplifier 

has variable bandwidth ranging from 0.30 MHz at 1 mv/cm 

out to a maximum of 2 MHz at 5>0 mV/cm or greater sensi-

tivity. It was anticipated that greatest error in the 

measurement of the amount of charge used in coulostatic 

charging would result when low bandwidth sensitivities 

were used. The charging pulse was not a perfect direct 

current step response, so that a greater bandwidth was 

expected to give a more accurate representation for short 

interval measurements. 

The two bandwidths used were O.3O MHz and 0.85 MHz, 

both at an amplifier sensitivity of 10 mv/cm for the 

charging measurement. With an oscilloscope sweep rate of 

0.20 ̂ Lsec/cm, a charging area of 15.75 cm2 was observed 

for the 0.30 MHz position, and 16.37 cm2 for the 0.85 MHz 

position. The overvoltage produced on the capacitor was 

328 mV. Substitution of these values into Equation (A) 

of Figure I4. and Equation 5 of Chapter I, a capacity of 

O.OIOI4. jaF was calculated for the 0.30 MHz bandwidth, and 

a value of 0.0108 pF for the 0.85 MHz bandwidth, correspond-

ing to values too low by 6 per cent and 2 per cent respec-

tively . These values indicated that perhaps the bandwidth 

was important here, so that later measurements were taken ! 

at highest possible bandwidth. 

As the capacitor used in the first calibration was not 

representative of the known capacitance of the working cell, 
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a second calibration was performed. The working cell was 

replaced by the circuit shown in Figure R]_ is a 1 Mohm, 

j? per cent tolerance carbon resistor used to simulate the 

leakage observed in the real cell. R 2 is a calibrated 

thin film resistor with a resistance of 10.02 ohm. The 

purpose of R 2 in this circuit is to approximate the solu-

tion resistance to the charging current. is a 1.0 uP 

capacitor made by the Good-All Company, Type 6lf>G, of 10 

per cent tolerance. 

0l 

AA/VV 

Hi 

A / N / V V " 

Ro 

Pig. $—Equivalent circuit used in calibration of 
coulostatic circuit* 

The capacitor Ci was calibrated by determination of 

its capacitive reactance at a series of frequencies. The 

frequency generator used was a Hewlett Packard 200CD wide 

range oscillator. This frequency was checked with the 

Tektronix 5>35>A oscilloscope and found to be a'ccurate to 

better than the value of 2 per cent claimed by the manu-

facturer. Voltage readings were made using a Triplett 
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Model 800 V0M» which had recently been calibrated and found 

accurate to within 1 per cent. 

The measurement of capacity by this method depends on 

the fact that the current in a series circuit must be the 
1 ^ 

same through every member of the circuit. The capacitor 

@1 was placed in series with a 390 ohm standard resistor 

of 1 per cent tolorance. Measurement of the potential 

generated across the standard resistor by the oscillator 

allowed the determination of the effective current by the 

Ohm's law relationship. Measurement of the effective po-

tential across the capacitor at a known frequency allows 

the determination of the capacity through the equations (3): 

T „ E(across cap) _ -®cap ,Q\ 
cap ' ~ L ' • • « v Cap. reactance 10fo 

2-jrfC 

where the value of the effective current through-the ca-

paciter, Icap, is found from the potential across the 390 

ohm standard resistor: 

Ires = IC8P= - J b S — = _Jk22 . . . . (9). 
Rres 390 ohm' 

At a frequency of 60 Hz, ®res was measured at 1.38 V,; 

which corresponds to a current of 3«5>5> x 10~3 a. The 

potential across the capacitor was measured and found to 
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be 9.81-j. V. Prom these values the capacitance of was 

determined to be 0.95>lj. JxF. 

At a frequency of 600 Hz, E r e g was 8.13 V, and E c a p 

was 5.75 V. This corresponds to a current of 2.08 x 10"^ A, 

and to a capacitance of 0.962 juF. 

Finally, using the Tektronix 535A oscilloscope to meas-

ure the peak-to-peak voltages, E r e s was 1,15 V and E c ap was 

8,36 V, using a frequency of 60 Hz. This corresponds to a 

capacity of 0.936 pF. 

The value of 0.95i|- ,MF was used as the best representa-

tive value of the capacitance in all further work. This 

value is certainly within about 2 per cent of the true value. 

The circuit of Figure 5 was used in two different types 

of calibration procedures. First, the charging of the cir-

cuit was carried out by use of a galvanostatic technique. 

The slope of the potential-time curve across the circuit 

was determined as a function of the rate of addition of 

charge to the cell. This slope is directly proportional to 

the capacity of the circuit under investigation. 

This circuit was then used to evaluate the coulostatic 

method. For the coulostatic determination, the greatest 

bandwidth (2 MHz) of the D amplifier was used. In both 

calibration procedures, the circuit of Figure 5 was used to 

directly substitute for the working cell in Figure 2. The 

results of this calibration study for the coulostatic 

method are shown in Table II. 
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CALIBRATION OF CIRCUIT OP FIGURE 2 BY USE 
OF SUBSTITUTED EQUIVALENT CIRCUIT 
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The results of the galvanostatic study are shown in 

Table III. The oscilloscope settings for the galvanoatatic 

charging were 2 mv/cm at 1 jusec/cm, and for observation of 

electrode potential response, 2 raV/cra at 1 jasec/cm. The 

charging area shown in Table III is a 3 era section of the 

area under the charging curve* The slope is the actual 

slope of the initial portion of the potential-time response 

of the working electrode. 

The average value of the capacity as determined by the 

coulostatic method was 0.976 ;oF, which is 2.31 per cent 

greater than the accepted value of 0.95^ The average 

value of the capacity as determined by the galvanostatic 

procedure reported in Table III was 0.91+9 aP, which is 0.3> 

per cent lower than the accepted value. 

More scatter is noted in the data of Table III due to 

the difficulty associated with the determination of the 

initial slope of the line showing the potential-time re-

sponse of the working electrode„ This scatter appears to 

be of a random type, however, as the average value of the 

determination comes very near the accepted value. 

This calibration procedure, while not highly precise, 

shows the validity of the circuit of Figure 2. Any scatter 

observed in experimental data greater than an approximate . 

5 per cent range must be due to some error other than meas-

urement of a charging area, a slope in the case of galvano-

static measurements, or a potential increment in the case of 

coulostatic measurements. 
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TABLE III 

GALVANOSTATIC CALIBRATION OP CIRCUIT OP FIGURE 2 BY 
USE OF SUBSTITUTED EQUIVALENT CIRCUIT 

Picture 
Number 

Potential Applied 
Across Cell (mV) 

Charging 
Area (cm2) 

Slope of 
Electrode 
Response 

, Capacity 
(HF) 

28% i+00 . l̂ .ij-8 0.558 0.921+ 

289U 600 16.1+7 0.553 0.993 

290L 800 15.67 0.572 0.913 

290U 1000 1548 0.556 0.928 

291L 1100 15.67 0.551+ 0.91+3 

291U 1200 15.1+8 0.530 0.971+ 

29% 1+00 . 16.86 0.573 O.981 

29 1000 • 15.81+ 0.551 1 0.936 

A third and final calibration procedure was used, in 

which the circuit of Figure 5 was slightly changed. The 

standard resistor Ri was replaced by a 3l+ kohm resistor 

in one experiment and by a 2 kohm resistor in second ex-

periment. A small resistor placed in parallel with the 

capacitor Ci would be expected to lower the efficiency of 

the charging pulse since some of the charge which is 

ordinarily used in charging is simply passed through the ; 
! 

circuit. Also, the decay of the charge from the capacitor 

would be expected to occur at a much faster rate. The 
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results of this experiment are shown in Table IV. Picture 

311 was taken with the 3I4 kohm resistor in the equivalent 

circuit. The residual current with this resistor was 

observed to be 27 pA at 1000 mV, and 37 PA at llj.00 raV. 

The average capacity for Picture 3 H was 1«006 pF, which 

is approximately I4..I4. per cent higher than the 0.951+ 

accepted value. 

The residual current observed in Picture 312, where 

the 2 kohm resistor was used, was 0.6 mA at 1000 mV, and 

0.8 mA at II4.OO mV". The average capacity found here, 

1.02lj. p.F, is 7.3 P e r cent too high. 

This third calibration procedure shows that the coulo-

static method tends to give high results for capacity 

determinations when a mechanism is available for loss of 

charge during the charging process. This is, of course, 

the expected direction of error for such a process. The 

error to be expected due to this effect for the experi-

mental melt system should be slight, as the largest 

observed direct current was about lf.0 pA. At lower tempera-

ture and applied potential, the observed direct current 

component was much less than this, being in the range of 

1 jiA to 6 jiA. 
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TABLE IV 

CALIBRATION OP CIRCUIT OP FIGURE 2 BY USE OP SUBSTITUTED 
EQUIVALENT QIRCUIT IN THE PRESENCE OP A LARGE 

DIRECT CURRENT COMPONENT 
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Capacity Measurements 

Measurement of the double layer capacity at the mer-

cury/molten salt interface by the coulostatic method was 

made at four different temperatures. Helium gas bubbled 

through the melt for at least eight hours prior to each 

series of capacity determinations and helium gas passed 

over the melt during these determinations, so that a small 

positive pressure of helium was present over the melt at 

all times. Dry-Ice in n-butanol solvent was used in cold 

traps placed in the helium line at the inlet and.exit 

positions of the melt. These were present to collect mer-

cury vapors and to help prevent moisture from entering the 

melt. The.exiting helium gas flowed through a fifty-foot-

long coil of one-fourth inch cooper tubing which was im-

mersed in ice water. This tube was used as a second mer-

cury trap which could effectively cool the helium gas and 

amalgamate any mercury present. 

Fresh mercury drops were used for evefy data point 

reported here. Earlier work had indicated that the ca-

pacity of a drop Slowly rose with time at a fixed applied 

cell potential. Capacity measurements made using the same 

arop at a series of applied potentials were reproducible 

with those of fresh drops if the potential was in the 

region of the capacity minimum. However, if a drop was 

held at an applied potential of lî OO mV for a few minutes, 



kl 

any later capacity measurement using this drop at any 

smaller applied potential would be too large, indicating 

an apparent permanent change in the mercury. Also, ca-

pacity measurements in the region of 200 mV applied 

potential were quite time-dependent. The initial capacity 

in this region as measured with a fresh mercury drop was 

large and rapidly increased to values much above 100 pP/cm . 

This rise in capacity with time was observed throughout the 

potential region, although this rise was very slow over the 

potential region reported here. In no case was the ca-

pacity 'ever observed to decrease with time. 

The results of the capacity study at the- series of 

four temperatures are shown in Table V. These results are 

collected in graphic form in Figure 6. Temperatures of 

1$7°G, 176°C, 195°Cs and 228°C wer3 used in the investiga-

tion. The low temperature was governed somewhat by prob-

lems associated with drying the molten salt, whereas the 

higher temperature limit was chosen on the basis of the 

high vapor pressure of mercury and the observed increase 

in the direct current flowing in the external circuit. 

Considerable scatter is to be noted in the data con-

tained within Table V. The average deviation in the 157°C -

data is 5>»7 per cent, with a uniform increase with increas-

ing temperature up to a value of 7*95 per cent with the 

228°C data. This table includes all data taken with the 



TABLE V 

DOUBLE LATER CAPACITIES AS DETERMINED 
BY THE COULOSTATIC METHOD 

(a) Temperature l57°C 

1+2 

E • (mV) C ()!$?/cm̂ ) C (pF/cm^) Average 
C (pF/cm^) 

1+00 20.8 20.2 20.5 

600 18.8 16.6 17.7 

800 11+.1+ 18.1}. ' 16.1+ 

1000 7.11+ 8,91+ 8.01+ 

1050 « a 7.62 7.62 

1100 7.62 7.81+ 7.73 

1200 H.5 10.7 11.1 

li+oo 13.5 11.1+ 12.5 



TABLE V--Continued 

(b) Temperature 176°C 

1+3 

E ( m V ) 0 OuF/cm2) C (pF/cm2) Average 
0 (juF/cm2) 

l j . 0 0 2 2 . 0 23.5 22.7 

6 0 0 21.5 18.8 2 0 . 1 

800 18.1 i k . $ 16.3 

900 
# • 15.7 15.7 

1 0 0 0 1 2 . 1 1 2 . 2 1 2 . 2 

1 0 5 0 • 9-37 1 0 . 6 1 0 . 2 

1 1 0 0 8.1+5 10.9 9.67 

1 2 0 0 15.5 17.5 16.5 

l l j.00 19.5 1 8 . 6 19.0 
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TABLE V--Continued 

(c) Temperature 195°C 

E (mV) G (pF/cm?) C (juF/cm2) C OaF1/cm2) C (p.F/cm2) Average 
G (joF/cm2) 

1+00 28,6 21.3 28.0 28.6 2 6 . 6 

600 2 0 . 2 + 22.1 19.1 194 20.3 

800 20.0 20.2 1 9 . . 0 17.6 19.2 

900 # • # • 18.2 . 17.2 17.7 

1000 15.3 11+.6 15.0 12.2 1^.3 

1050 • • * 17.0 16.3 12.5 15.3 
1100 • • 19.6 1 2 . 6 16.5 16.2 

1200 # • 21.6 20.3 1 9 . 2 20.Ij. 

l l t . 0 0 * 9 21.1 19.. 8 2 2 . 0 21.0 



TABLE V--Continued 

(d) Temperature 228°C 

E (mV) c* c* C* 
st, 

C" .Si 
C" 

Average 

C" 

1+00 21+.8 3 3 4 2k. 3 0 0 32.3 28.7 

600 22,8 * * 22.2 22.8 21.7 ' 22. k 

800 19.9 ; 18.5 20.8 21.7 20.6 20.3 

900 • * • • * « 19.8 20.2 20.0 

1000 17.3 13.2 4 . 7 16.7 21.1 16 .Ij. 

1050 • « 19.2 li+.l 16.0 18.1 16.1 

1100 16. Ij. • 15.9 15.2 18.1 22.1 17.8 

1200 20.2 20.1 19.3 17.7 21.2 19.9 

1I|.00 20.1+ 20.3 21.2 21.2 21.6 20.9 

'rC (pP/cm.2) 
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circuit shown in Figure 2. Data were omitted only when 

evidence clearly indicated this should be done. In 

several cases the electrode was found to be chipped or 

cracked after a series of measurements, so that all data 

of the series were discarded. In a single case, a broken 

wire was discovered in the circuit, so that these data 

were also omitted. 

There are many possible causes of the large scatter 

observed in the data. The variation in area of the mer-

cury drop should be less than 1 or 2 per cent. However, 

the amount of this.area which is oficluded by contact with 

the electrode could be expected to vary somewhat from one 

electrode to another. This variation could not be de-

tected by visual Examination, so that if it exists, it 

must vary only a few per cent from one electrode to another. 

Temperature fluctuations in the melt could be expected to 

have a rather large effect on the capacity measurement. 

As.may be seen in Figure 6, the capacity variation with 

temperature is of the order of 0.12 p.F cm"^. A 

change in temperature or a slight change in positioning of 

the electrode in the melt could cause a significant varia-

tion in the measured capacity. The electrode was placed 

into the melt so that the mercury drop was as nearly as 

possible in the same horizontal plane as the thermocouple 

position. Since it was not desired to stir the melt during 
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the measurements, local temperature variations of several 

degrees could be expected. 

One source of error which may explain a small amount 

of the divergent low data is the possibility of entrapment 

of an air bubble on the mercury surface as the electrode 

was placed beneath the melt surface. On a few occasions, 

an obviously divergent potential increment was observed. 

By simply lifting the electrode from the melt and then 

replacing it again, a normal capacity measurement could be 

obtained. An air bubble of this type would cause the true 

surface area to be less than that Used in the calculations, 

so that the calculated capacity would be too low. 

In a similar manner, it is possible to explain diver-

gent high data, "ftpon removing the electrode from the melt 

in order to replace the mercury drop, some melt would 

occasionally solidify on the electrode tip. If care was 

not taken to remove this solid material, the new mercury 

drop could make contact with only a portion of the platinum 

wire tip. Replacement of the electrode into the melt in 

this condition could cause the available electrode area to 

be larger than normal, so that the calculated capacity 

would be a few per cent too high. 

An approximation of possible deviations in the meas-

urements of data from the Polaroid film and of deviation 

in the instruments used in the coulostatic measurements is 
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probably best made on the basis of the scatter observed in 

the calibration procedure in the early part of this chapter. 

The maximum deviation in these data was about 6 per cent, 

with an average deviation of about 2 per cent. 

The final source of error to be considered is that due 

to moisture in the melt. As was recently proved by Peleg 

(16), complete removal of water from nitrate melts contain-

ing lithium ion does not appear possible. He observed a 

residual water content to the extent of 10"̂ - moles of water 

per mole of lithium nitrate at 2f?5°C. However, his method 

of measurement was unable to differentiate between the 

presence of water and the presence of oxide or hydroxide 

ion. 

The present investigation showed that water indeed has 

a great observable effect on the measured capacity. This 

effect was greater at the lower temperatures. To investi-

gate the rate at which water was absorbed by the melt, a 

series of capacity measurements at lf?7°C were run at lj.00 mV 

and 600 mV applied potential over a thirty-minute time 

interval. Each point was determined, using a fresh mercury 

drop. The melt was initially dry, but after the first 

measurement at each of the two chosen potentials the melt 

was left; exposed to the atmosphere at all times except when 

a measurement was being made. This differs from normal 

procedure somewhat in that the melt was normally exposed to 

the atmosphere only during replacement of the mercury drop. 
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At I4.OO mV applied potential, the initial capacity was 

found to be 20.2)aF/cm2. After ten minutes, the capacity 

was found to be 2I4..7 p.F/cm^, and after about twenty-five 

minutes the capacity had risen to 25>. 3 JiF/cm^. The 600 mV 

applied potential gave similar results. The initial ca-

pacity at this potential was found to be 16.6 jj.p/cm2„ After 

about twelve minutes the capacity was up to 19.3 p.F/cm^, and 

after about thirty minutes the capacity had risen to 

20.2 jup/cm2. 

Although no data were collected, results similar to 

the abbve were observed on adding a single small drop of 

water directly to the melt. The rate at which the melt 

picked up water was dependent upon the melt temperature,. 

At 228°C the rate was very slow, so that capacity measure-

ments made over an approximate forty-minute time interval 

did not seem to be influenced by .moisture from the atmos-

phere . 

An interesting sidelight related to mois,ture in the 

melt is that while the melt was still quite wet, bubbling 

helium through the melt transferred water from the melt 

over into the cold trap, with no other observable results. 

As the melt became dry after several hours of helium 

purging, the partial pressure of the melt became high 

enough to begin the distill slowly. Even though the amount 

of this melt distillation was small, it was very apparent 

that this process increased as the melt became drier. 
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The capacity of the mercury/molten salt interface was 

also studied by the galvanostatic method. Only three 

separate determinations were made by this method, two at 

228°C and one at 173°C. The results of this study are 

shown in Table VI. Insufficient data were taken by this 

method to have any great confidence in the results, but 

there is a definite upward trend in the capacity with in-

creasing temperature which corresponds to that observed 

TABLE VI 

DOUBLE LAYER CAPACITIES AS DETERMINED 
BY THE GALVANOSTATIC METHOD 

E (mV) 

(a) 228°C (b) 173°C 

E (mV) 

C (pF/cro?} C (pF/crn̂ ) 
Average 
C (AF/cm2) 

C (joF/cm2) 

_p
r O
 

o 22.9 23.8 2 3 4 20.7 

600 21.0 22.0 21.5 ' 19.1 

800 17.8 16.8 17.3 17.2 

900 « 0 © e « « 15.7 

1000 17.5 17.8 17.7 1 

1050 20.0 ' li|.8 17.il.. 11+.5 

1100 20. Ij. 19.0 19.7 16.1; ; 

1200 * ' 21.6 21.7 21.6 17.0 

11+00 22.6 22.2 22. jj. 20.5 
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in the coulostatic Investigation. The determination of the 

slope of the charging curve was more difficult in this case 

than in the galvanostatic calibration measurements due to 

a greater curvature in the potential-time response of the 

real cell as it underwent galvanostatic charging. Although 

the capacity minimum does not appear to be as low for the 

173°C data as was determined by the coulostatic method, a 

small reassessment of the measured slope for the galvano-

static potential response would bring them into agreement. 

Capacity measurements were also made using the coulo-

static method, with a small amount of potassium bromide-

added to the melt. Work by Randies and White (18) indi-

cated that.the apparent rate of reduction of Ni(II) ion in 

this melt increased by a factor of twenty upon addition of 

potassium bromide at a concentration of 4 x 10"^ mole 

fraction. The method they used to measure the apparent 

rate of the electrochemical reaction was the alternating 

current impedance bridge method. Measurement of the rate 

of reaction by this method involves measurement of the 

capacity of the -pure system first, followed by addition of 

the ion to be investigated. By a series of graphical 

manipulations„ one of which requires subtraction of the 

measured double layer capacity, the apparent rate of an 

electrochemical reaction may be determined. If any factor 

Increases the true electrode double layer capacity, the 

apparent reaction rate will also increase (6). Since 
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Randies and White did not measure the double layer capacity 

of the melt containing potassium bromide in the absence of 

nickel ion, it was felt that the increase in apparent re-

action rate which they observed might be due to an increase 

in the double layer capacity. In order to investigate this 

possibility, a series of capacity measurements were made on 

a melt containing a I4. x 10"^ mole fraction of potassium 

bromide. The coulostatic method was used to make these 

measurements, using the cell of Figure 1 and the circuit of 

Figure 2. The results of.this investigation are shown in 

Table VII and in Figure 7. 

Comparison of the capacity curves of Figure 6 with 

those of Figure 7 shows that the capacities have definitely 

increased compared to the same temperature in the absence 

of bromide ion. This increase in capacity is consistent 

over the entire potential region, indicating a definite 

change•in the double layer structure. The position of the 

capacity minimum has apparently shifted in the anodic 

direction by some 300 mV. This shift is most likely due 

to a potential shift of the platinum counter electrode. 

The most important consideration of these data is the 

definite increase in the capacity at the mercury electrode. 
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TABLE VII 

DOUBLE LATER CAPACITIES AS DETERMINED BY THE COULO-

STATIC METHOD IN THE PRESENCE OF 1+ x 10~3 

MOLE FRACTION BROMIDE ION 

(a) Temperature 177°C 

E (mV) C (jxF/ern̂ ) C (p.F/cm2) 
Average 
C (^F/crn2) 

I4.OO 36.8 * # 36.8 

500 23.7 20.k 22.1 

600 17.0 19.3 18.1 

700 13>k 134 134 

750 • # 13.0 13.0 

800 13.3 13.9 13.6 

900 16.2 # # 16.2 

1000 23.7 # # 23.7 

1200 20.1 0 • 20.1 



TABLE VTI~-Continu.ed 

(b) Temperature 228°C 
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* 1 

E (mV) 0 (jaP/cm2) C (joP/cm^) C (juP/crâ ) 
Average 

C (pF/cm2) 

l+OO 35.2 1+0.2 1+1.3 38.9 

500 28.1 • « 23.6 25.8 • 

600 22.\ 25.9 21.2 23.2 

700 18.8 15. ̂  ' 20.2 18.6 

800 20.k 19.3 20.1 19.9 

900 
# # 21.6 21.2 21.1+ 

1000 18.8 21.5 22.7 21.0 

1100 • 4 22.6 2 3 4 23.0 

1200 2,3.1 . 23.2 23. h 23.2 

21(.00 23.3 9 0 • # 23.3 
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Discussion 

As pointed out above, the capacity curves of Figure 6 

show a temperature coefficient of 0.12 juF °C~^ cm"^. This 

temperature coefficient of capacity is of similar magnitude 

and direction as the coefficient value of 0.0$ found by 

Ukshe and co-workers (22) for a lead electrode in lithium 

chloride-potassium chloride eutectic over a temperature 

range of between IjJ?0oC and 800°C. These workers also found 

a value for this coefficient of 0.11 for pure molten 

lithium chloride over the range of temperature from ?00°G 

to 800°C. 

Using lead electrodes in molten lithium and sodium 

halides, the capacitance has been found to be larger and to 

depend more strongly on the nature of the anion than in 

molten potassium and cesium halide melts (21). In this 

same investigation, the capacitance for lithium and sodium 

halides was found to increase in the order chloride, bromide, 

iodide. Pure sodium fluoride was not used,, but capacity 

measurements on mixtures of sodium fluoride and sodium 

chloride indicated the capacity of sodium fluoride to lie 

between sodium bromide and sodium iodide. The addition of 

small amounts of one alkali halide to another tended to 

affect the entire potential versus capacity curve in the ? 

same manner, shifting the entire curve in the direction of 

the capacity curve of the pure material which was added. 
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In some cases this effect was greater than a linear one. 

Only 20 mole per cent of iodide ion in sodium chloride was 

required to increase the measured capacity up to that of 

a pure sodium iodide melt. 

The results of the capacity determinations in the 

alkali halide molten salt mixtures are pertinent to the 

present investigation in several ways. First, the meas-

ured capacity in the molten nitrates should be expected to 

be an increasing function with temperature (10). Addition 

of a foreign ion should be expected to alter the entire 

capacity-potential curve rather, than just a portion of it 

on the anodic or cathodic side of the capacity minimum. 

This was exactly what was observed in the addition of 

bromide ion to the nitrate melt. Finally, it would be 

reasonable to expect lithium nitrate to have a higher 

capacity than that of the lithium nitrate-potassium nitrate 

eutectic mixture, due to the smaller radius of the lithium 

ion. This last assumption is contrary to the available 

literature information, however (llj.) . 

Several theories have been advanced in an attempt to 

account for the observed double layer capacities of molten 

salts. Dogonadze and Chizmadzhev (8) propose a double 

layer structure which consists of alternate layers of 

positive and negative charges which extends several ionic 

layers into the melt. Another suggestion is that molten 

salts become less "crystalline" with increasing temperature, 
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so that the double layer can become more compact at higher 

temperatures, resulting in a higher capacitance (10). 

Ukshe and his co-workers have suggested that cations and 

cation vacancies bring about charging of the electrolyte 

side of the double layer (22). The increase of capaci-

tance with rise in temperature would be caused by the 

increase of the mobile cations and cation vacancies. They 

also point out that since only a small amount of sodium 

iodide is required to increase the capacity of a sodium 

chloride melt to that of pure sodium iodide, there is a 

definite indication of preferred surface activity of some 

ions over others. 

Any contribution of a diffuse double layer to the 

overall double layer capacity has been discounted by re-

searchers in this field due to the observed molten salt 

temperature dependence of capacity and also due to the 

high capacities which have been reported in all past 

molten salt work. The cation vacancy theory of the double 

layer structure does not rule out a diffuse layer contri-

bution to the measured double layer capacity. Occupation 

of vacancies in the molten salt structure by anions or 

cations could occur in much the same manner by which the 

diffuse double layer is considered to form around elec-

trodes in aqueous solution (9). A distribution of the 

Boltzmann type could exist in these vacancies at any 
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given temperature. As the temperature increases, the 

number and size of these vacancies apparently increases 

(15>), so that the amount of electrical work (w = ze ) 

required to bring an ion up to the electrode should de-

crease. This would then result in a rise in capacitance. 

The new data presented in the present investigation indi-

cate that at sufficiently low temperatures, the double 
t 

layer capacity is rather low, approaching that found in 

dilute aqueous solution (9). It is felt that other low 

melting molten salts should be examined by the coulostatic 

method to determine if this low capacity is general at 

low temperature. 

The true electrical double layer structure at the 

molten salt/electrode interface may involve some contri-

bution from all of the above mentioned theories. An 

understanding of these theories is necessary in order to 

understand fully the role that the double layer structure 

plays in the magnitude of the double layer capacity and 

also in the magnitude and rate of change of potential dif-

ference an ion must traverse as it moves from the solution 

bulk to the electrode surface. As will be discussed in 

Chapter III, a knowledge of this potential difference 

across which an ion-electrode pair may be assumed to ex- ; 

change electrons is required before the true rate of an 

electrochemical reaction can be assigned. 



61 

Three previous studies have been made of the elec-

trical double layer capacity at the mercury/molten alkali 

nitrate interface. Barker and Faircloth (2) determined 

the capacity of lithium nitrate-sodium nitrate eutectic 

using a dropping mercury electrode at a temperature of 

15>6°C. They reported an anodic capacity limit of 3i| jjP/cm^ 

and a cathodic limit of I4.I jap/cm^. The capacity minimum 

of 18juP/cm^ was reported to be at -0.8 volts versus a 

mercury pool anode. The method of measurement was square 

wave polarography at a frequency of 225 cycles per second. 

In a later paper, Barker (1) stated that the very low 

frequency of the method was undesirable due to creepage of 

solvent up into the capillary, rendering the capacity very 

frequency dependent. 

The capacity study by Randies and White (18) is un-

doubtedly the most widely known molten salt capacity study. 

Using the alternating current impedance bridge method, 

these authors studied the double layer capacity of a mer-

cury electrode in lithium nitrate-potassium nitrate eutectic 

and in a ternary mixture of lithium nitrate, sodium nitrate 

and potassium nitrate. The exact alternating current 

frequency at which they worked was not specified, but from 

their earlier and later papers, it may be inferred to have 

been no more than 5> kHz. 

In the light of observations of the large capacity . 

changes in molten alkali halides as the cation was changed, 
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it is interesting to find that Randies and White found no 

detectable difference between the binary and the ternary 

eutectic nitrate molten salts. 

The third capacity study made in molten alkali nitrate 

mixtures was performed by Palanker, Skundin and Bagotskii 

(111),, They also used the alternating current impedance 

bridge method, operating at a frequency of 5 kHz. No 

examination of the dependence of the measured capacity on. 

frequency was made. The smooth parabolic capacity-poten-

tial curves were very similar to the curves obtained by 

Randies and White. Using the ternary eutectic melt com-

posed of lithium nitrate, sodium nitrate and potassium 

nitrate, they observed an increase in the measured capacity 

as. the temperature increased from 130°0 to li|0°C. However, 

for some reason, they observed a small decrease in the 

measured capacity as the temperature was increased from 

160°C up to 260°C in the binary lithium nitrate-potassium 

nitrate melt. 

For comparison, the results of Randies and White, 

Palanker, Skundih 'and Bagotskii, and the present investi-

gation are shown in Figure 8. As mentioned previously, 

both of the other investigations used the alternating 

current bridge method in the region of a frequency of 5 kHz, 

For this reason it is not surprising that their results 

almost coincide. However, the 20°C temperature difference 

in operating temperature should have caused a detectable 

difference in observed capacity values. 
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The most vulnerable area for criticism of the data of 

the other investigators is their complete lack of experi-

mentation concerning the effects of frequency on the meas-

ured capacity. TJkshe, Bukun, and Leikis (20) investigated 

the frequency dispersion for a series of liquid metal 

electrodes in molten alkali halide systems. They found 

that this frequency dispersion was caused by leakage of 

electrolyte between the liquid metal and the capillary 

wall* Since the conductivity of the melt is 'so high com-

pared to dilute aqueous solutions, the contribution of this 

thin layer of contact to the measured capacity is appreci- . 

able, and remains so even at high frequencies. The meas-

ured capacities were found to fall by 5>0 per cent or more 

over the frequency range of from 20 kHz up to 200 kHz. 

These workers gave added support to their argument by in-

creasing the size of the electrode, which reduced the 

relative frequency dispersion. This indicated an increase 

in the true electrode area while the amount of creepage 

into the capillary remained constant. 

In another experiment, Ukshe and co-workers (22) de-

vised a new electrode of large area which showed virtually 

no high frequency dispersion. In the same paper, and in 

another by TJkshe and Bukun (19), frequency dispersion at : 

frequencies less than 20 kHz was observed, and this dis-

persion was found to be independent of electrode area. In 
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both cases, the cause of this frequency dispersion was 

attributed to the existence of electrochemical reactions 

present throughout the potential region studied. Doubt 

was expressed in both papers concerning the accuracy of 

capacitance data taken in molten salts at frequencies 

below about 12 kHz. The high residual currents which are 

observed in molten nitrate salts containing lithium ion 

(13) may contribute to the capacity measured at low fre-

quencies, provided that the reaction velocities of the 

electrochemical reactions are sufficiently high. 

In a strictly classical sense, the contribution to 

the measured capacity of an ion present in the melt at very 

low concentration would be expected to be very small, 

especially when the potential is far removed from the re-

duction potential of that ion. However, the frequency 

dispersion observed in the alkali halide melts appears to 

be real, and no other explanation has been advanced for 

this dispersion. There is no reason to exclude the 

possibility of a large frequency dispersion above the 5 kHz 

used in the alkali nitrate melts by the other workers. 

This must be investigated before any confidence can be 

placed in the alternating current bridge method results. 

The other criticism of the work of Randies and White 

and of Palanker, Skundin, and Bagotskii is that they failed 

to establish any sort of criterion for residual moisture 
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content in their melts. Randies and White simply stated 

that they used dry hydrogen as a purge gasr while the 

other group made no mention of a procedure to dry their 

melt. Also, both investigations examined the capacity 

of the melt with small additions of water, resulting in 

very little change in the measured capacity upon addition 

of 10 mole per cent water to the melt. This is in com-

plete disagreement with the results obtained in the present 

investigation. 

Evidence of the possibility of the presence of residual 

moisture in the lithium nitrate-potassium nitrate eutectic 

mixture used by Palanker, Skundin, and Bagotskii may be seen 

in the data obtained by them at 160°C and 260°C. The ca-

pacity was observed to be lower at the high temperature 

than at the low temperature by a small amount. These 

workers also determined the capacity of pure lithium 

nitrate melt at 260°C, measuring a much lower capacity for 

this melt than for the binary nitrate mixture. These find-., 

ings may be incorrect for several reasons. The vapor 

pressure of mercury is high at 260°C, so that the lower 

capacity reading may be partly due to a real reduced sur-

face tension on the mercury side of the double layer. Also, 

as mentioned earlier, molten lithium halides were found to 

invariably have higher capacity values than the other alkali 

halides (21), However, this may not be true in the nitrate 

case. 
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The alternating current bridge method of capacity 

measurement should be expected to give more reproducible 

data than the coulostatic method. Variation in a aingle 

drop size or change of a few cycles per second in an 

oscillator can be disregarded, so that the balance point 

used in this method to determine the capacity amounts to 

an average value over many possible points. For this 

reason, the coulostatic method cannot hope to attain the 

reproducibility of this method. Randies and 'White made 

no comment with respect to reproducibility in their meas-

urements, while Palanker, Skundin, and Bagotskii reported 

an average relative error of 2.5 per cent. This is about 

one-half the average relative error of the present coulo-

static investigation. 

Considering the low frequency used by the. other 

workers, and the small effect that water had on their re-

ported capacities, it is felt that the present investi-

gation using the coulostatic method yields overall more 

representative, accurate capacity values. It is also felt 

that the increase observed in the capacity upon addition 

of a small amount of bromide ion to the melt explains the 

data observed by Randies and White for the apparent increase 

in the rate of nickel (II) reduction. 

No firm conclusions may be drawn'concerning the struc-

ture of the electrical double layer in molten salts from the 
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present investigation, except that at low temperatures, a 

contribution from a diffuse type double layer should be 

considered a possibility. 

It is hoped that the present investigation will give 

renewed interest to the study of the molten nitrate elec-

trical double layer capacities, especially in terms of a 

possible electrocapillary study using' more modern tech-

niques than those used by Hevesy and Lorenz (12). With 

the availability of high power, fast rise pulse generators 

and sensitive fast.rise oscilloscopes, it should prove of 

value to attempt to observe the charging of the double 

layer during rapid addition of .a charge to an electrode in 

molten salt solution. 
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CHAPTER III 

KINETICS OP THE NICKEL(II) REDUCTION AT THE HANGING 

AMALGAM ELECTRODE IN FUSED POTASSIUM NITRATE-

LITHIUM NITRATE EUTECTIC BY 

THE COULOSTATIC METHOD ' 

Experimental and Results 

Reagents 

Reagents used were the same as those listed in Chapter 

II. Reagent grade nickel nitrate hexahydrate was dehydrated 

by the method of Prost and Robin (15). 

Determination of the Nickel Amalgam Electrode Potential ' 

In order to apply the coulostatic method to measure-

ment of the kinetics of the reduction of nickel(II) ion in 

fused potassium nitrate-lithium nitrate eutectic mixture, 

it is necessary to know the electrode potential for the 

nickel amalgam electrode. This potential may be determined 

by measurement of the polarographic half wave potential for 

the reduction of nickel(II) at a dropping mercury electrode 

and substituting the equation 

i o RT / D.q 
E S = Ea - — 1»( ̂ - ) (10). 
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where is the polarographic half wave potential, E§ is 

the amalgam electrode potential, Ds is the diffusion co-

efficient for the ion in the solvent, and Da is the dif-

fusion coefficient for the metal in mercury (13)» ' Steinberg 

and Nachtrieb showed that Equation 10 is applicable to 

molten alkali nitrate solvent (17)» They measured the half 

wave potentials and diffusion coefficients for lead(II), 

cadmium(II), and zinc(II), and then measured the potential 

of amalgam electrodes of these metals. By assuming a value 

for D a for each metal, they obtained excellent correlation 

between the directly measured amalgam potentials and those 

calculated using Equation 10. 

Values for the diffusion coefficient for nickel(II) 

ion in molten alkali nitrate systems and for the diffusion 

coefficient of nickel metal in mercury are very scarce and 

there is disagreement in the literature concerning these 

values. Steinberg and Nachtrieb found a value of 1.2 x 

10-6 cm^ sec"1 for the diffusion coefficient for nickel(II) 

ion in the ternary lithium nitrate-sodium nitrate-potassium 

nitrate eutectic at 160°C (17). Inman, Lovering and Narayan 

report a value of 0.35 x 10-^ cm^ sec"1 for the diffusion 

coefficient at a temperature of lJ4-3°0 (8). Although they 

attribute this difference to the presence of water in 

Steinberg and Nachtrieb's melt, no attempt was made to 

study the effect of the presence of water on the magnitude 

of the diffusion coefficient. 
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No other ion has been observed to have a diffusion co-

efficient as small as that determined for nickel(II) ion in 

alkali nitrate molten salts by Inman, Lovering and Narayan. 

Although this group also measured diffusion coefficients for 
* j 

cadmium(II) ion and lead(II) ion which were some 50 per cent 

less than those determined for the same ions by Steinberg 

and Nachtrieb, the value obtained for nickel(II) ion seems 

much too small. On the basis of the good correlation ob-

tained by Steinberg and Nachtrieb between the measured 

amalgam potentials and those obtained from application of 

Equation 10, the 1.2 x 10~^ cm^ sec"-*- value for the dif-

fusion coefficient of nickel(II) ion was used in the follow-

ing work. 

A value for the diffusion coefficient for nickel metal 

in mercury at elevated temperature is not available. Only 

one low temperature value has been determined (11). This 

value was 1.9 x 10"^ cm^ sec""-*- at 25>°C. The solubility of 

nickel in mercury was also measured at this temperature and 

found to be equal to 1.1 x 10"^ g-atom l"1. 

There is no agreement in the literature on the solu-

bility of nickel in mercury at room temperature. Mindowicz 

was not able to detect any solubility of nickel in mercury,. 

claiming that the nickel formed a heterogeneous coating on 

the surface of the mercury rather than dissolving in the 

mercury (11+). He used a very low current galvanostatic 
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electrolysis method to reduce nickel(II) ion at the mer-

cury surface, using a 0.1 M KC1 aqueous solution. His 

results are somewhat unclear, as it is doubtful that the 

very low quantities of nickel produced by his method could 

be expected' to act as a higher concentration amalgam might 

act. It is also possible that the very small amount of 

nickel formed could have diffused into the bulk of the mer-

cury or reacted with trace oxygen in the solvent. Jaffray 

and Cariat measured resistances and heats of amalgamation 

of nickel in mercury and found a linear relationship to 

0 g - a t o m 1"̂ - of nickel in the mercury (10). They used 

temperatures up to 220°C, where they noted separation of 

the nickel from the mercury. 

In polarography, the criterion for solubility of the 

reduced metal in the electrode material is the linear de-

pendence of the electrode potential on log j~i/(id-i)] of 

the observed polarographic reduction wave. The equation 

representing this dependence is known as the Heyrovsky-

Ilkovic equation; 

[ la -1 ] 
E = const - -22-. in |— ; ^7— | . . . . . (11), 

nF 

where 1 is the electrode potential and id is the diffusion 

limited observed current (11). The results of Steinberg 

and Nachtrieb indicated that this equation was obeyed for 

nickel(II) ion in the ternary nitrate melt at 160°C up to 
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the maximum 17«5 mM concentration studied (17). Inman, 

Lovering, and Narayan also indicated that the reduction 

of nickel(II) ion in the ternary nitrate melt obeyed the 

Hayrovsky-Ilkovic equation (8). However, the maximum 

concentration of nickel(II) used in their study was 1.0 mM.' 

Evidence will be presented below indicating solubility up 

to the region of 30 mM at 160°C. 

Steinberg and Nachtrieb also measured the diffusion 

coefficients of lead and cadmium metals in mercury at 

160°C, finding a value of 30 x 10"^ cm^ sec""5" for lead and 

I4.I4. x 10"^ cm^ sec"^ for cadmium (17). They also extrapolated 

the data of Wogau (-19) from 99°0 to 160°C, yielding calcu-

lated values for the diffusion coefficients in mercury of 

2I4. x 10""̂  cm^ sec"^ for lead and i|7 x 10"^ cm^ sec"̂ " for 

cadmium. Diffusion coefficients for thallium, lead, 

cadmium, tin, and zinc were shown by Cooper and Furman to 

be linearly inversely proportional to the atomic radius. 

Bismuth and copper did not fall on this line, and for these .. 

two metals compound formation with mercury was proposed (If.). 

The diffusion coefficient for nickel found by Krasnova, 

Zebreva, and Koslovskii falls on this line (11). If this 

linear relationship holds for higher temperatures, the 

diffusion coefficient of nickel at 160°C would be expected! 

to be larger than that observed for cadmium by Steinberg 

and Nachtrieb. It is interesting to note that the low 

temperature data of Cooper and Furman yield a ratio of 
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1.36:1.00 for the diffusion coefficient of cadmium compared 

to that of lead. This compares reasonably well with the 

1.[[.7:1.00 ratio found by Steinberg and Nachtrieb at 160°C. 

A value as high as Sh x 10~^ cm2 sec"̂ - could be expected 

for the diffusion coefficient of nickel in mercury at 

160°C. For calculation purposes the value of Steinberg and 

Nachtrieb for cadmium of l|i| x 10" cm sec" was used to 

substitute . into Equation 10 in order to obtain the standard 

amalgam electrode potential for use in the kinetic measure-

ments. The error introduced by this approximation is not 

known, but it should not amount to more than 1 or 2 mV in 

the electrode potential. 

Using• x 10"6 cm2 sec""1 for D a, 1.2 x 10"^ cm
2 sec"1 

for Dg, and a temperature of !|33 °K, Equation 10 becomes 

E§ = E° + 0.033 V . . . . . . . . (12). 

This means that the observed polarographic half wave po-

tentials may be converted to standard amalgam electrode 

potentials for use in the kinetics experiment by the addi-

tion of -O.O33 V. 

A major experimental problem was the appearance of a 

maximum of the polarographic curve for the nickel(II) re-

duction when the concentration of nickel became greater 

than about 8 mM. Since a large amount of solid nickel oxide 

was present in the melt as suspended particles, it is pos-

sible that this maximum was somehow related to this suspended 
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matter. It is more likely due to the high concentration of 

nickel(II) ion present, however. This maximum extended over 

several hundred millivolts, and its existence was not de-

tected when it first appeared because polarograms were 

normally recorded in the region of interest around the ex-

pected half wave potential only. For this reason, the half 

wave reduction potential seemed to shift to more cathodic 

values with increasing concentration of nickel(II) ion in 

the melt. After the melt samples were analyzed for nickel(II) 

ion concentration, it was possible to show that the half wave 

potential was not dependent upon nickel concentration. 

Two different reference electrodes were examined for use 

in the kinetic investigation and for use in polarographic 

analysis of the nickel(II) concentration in the melt. Plati-

num was tried first, with no great success. The nickel(II) 

half wave reduction potential was constant within a few milli-

volts for a series of polarograms carried out in the space of 

a few hours, but the potential drifted over a 200 mV span with 

different concentrations of nickel(II) ion present in the 

melt. No trend in the potential with respect to time or 

nickel(II) ion concentration was apparent. However, even though 

platinum was not a useful reference electrode, it served as a 

good counter electrode for polarographic work, as a plot of 

limiting diffusion current versus nickel(II) ion concentration 

was linear through the maximum 7 ,l±6 mM concentration studied 

with this electrode. 



78 

A silver-silver chloride-1 per cent potassium chloride 

electrode was then used for the reference electrode. This 

is the same reference electrode mentioned earlier in Chap-

ter II, except that the bridge separating this electrode 

system from the bulk melt was removed in order to overcome 

the delay in response to changes in working electrode po-

tential . This electrode system had been shown to be reli-

able reference electrode in alkali nitrate welts, as was 

mentioned earlier (1). However, as will be discussed below, 

the long term stability of this electrode was found to be 

poor. 

It is undesirable to have chloride ion in the bulk 

melt during measurement of kinetic parameters due to the 

unknown effects on the results. However, no reference 

electrode system which could be satisfactorily mated with 

the fast rise circuit of Figure 2 was found which would not 

introduce some undesired material to the melt. 

The effect of added chloride ion in the melt on the : 

electrode kinetics of the nickel(II) reduction is difficult 

to predict. There is evidence available indicating the 

formation of chloro complexes of nickel(ll) ion in molten 

alkali nitrate systems. Christie and Osteryoung have ob-

tained polarographic evidence for these complexes (3), but! 

their mathematical treatment has been shown to be incor-

rect (2). There is also spectroscopic evidence showing 

weak chloro complexes of nickel(II) in these melts (17). 
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Inman, Lovering and Narayan have compiled all the polaro-

graphic half wave potentials reported for the reduction of 

nickel(II) in alkali nitrate melts, and they note that the 

presence of chloride ion in some of these melts does not 

significantly affect the reported•half wave potentials. 

These authors also reported that they will publish further 

work indicating the presence of only weak chloro complexes 

of nickel(II) ion in alkali nitrate melts (8). 

Since it was not possible to measure accurately the 

half wave potential for the nickel(XI) reduction .for the 

higher concentrations from the polarograms, values were 

used for the electrode potentials which were not the true 

values. For this reason, it was required to accept the 

numerical value found by Randies and White for the transfer 

coefficient of the nickel(II) reduction (16). The transfer 

coefficient for an electrochemical reaction may be deter-

mined by measuring the slope of a plot of the logarithm of 

the exchange current density against the applied potential. 

The equation is written in this form: 

RT J In if 
nP J E 

1 - oQ = - " r •La . . . . . . (13), 

where 1° is the exchange current density, E the electrode 

potential, and <K is the transfer coefficient. Randies and 

White determined a value for << of 0.^1 at li|0°C in molten 

alkali nitrate solvent. By accepting this value of , 

measurements made at potentials other than the true amalgam 
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electrode potential may be corrected. This assumed value 

should be very near the true value for oC . 

Determination of the Rate Constant for the Reduction 
of Nickel(II) Ion in Molten Lithium Nitrate-

Potassium Nitrate Eutectic 

The cell used in the kinetic measurements was the same 

as that shown in Figure 1 of Chapter II, except that the 

platinum foil electrode was replaced by the silver-silver 

chloride electrode. Nickel(II) ion was added to the melt 

by two different means. In the first method, a nickel elec-

trode was placed in the melt, while a platinum electrode was 

placed in another compartment which was separated from the 

bulk melt by a fine fritted pyrex disc. By passing current 

between the two electrodes, with the nickel electrode the 

anode, nickel(Il) ion was generated in the melt. By ob-

servation of the current and time, an approximation could 

be made of the nickel(II) concentration. Current efficiency 

was not 100 per cent, due to some nickel oxide formation. At 

the platinum cathode, a mixture of products were produced. 

Metallic potassium and perhaps some metallic lithium was 

generated as was shown by the reaction of this product with 

the atmosphere and with water. When the cathode compart-

ment was removed from the melt, a brilliant flash of fire , 

resulted upon contact with the atmosphere. The melt had 

been protected with helium gas during the electrolysis pro-

cess, so that oxidation of the cathode products had been 

prevented up to the time of exposure to the atmosphere. 
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Another product formed at the cathode was nitrite ion. 

This ion produces a yellow color in the melt and has been 

observed aa the reduction product by other investigators (9)« 

The melt contained in the cathode compartment was discarded 

after the electrolysis period to prevent contamination of 

the melt with nitrite ion. 

Addition of nickel(II) ion to the melt by this elec-

trolysis technique was successful to a concentration in the 

melt of about 19 mM. Up to a concentration o'f 8 mM, very 

little nickel oxide was formed using this method, and the 

polarograms taken up to this concentration did not exhibit 

a maximum. The 19 mM concentration did exhibit a maximum, 

but this was not immediately detected. The electrolysis 

time required for greater concentrations began to be pro-

hibitive due to the danger of contamination of, the melt 

with nitrite ion from the cathode compartment. For this 

reason, subsequent additions of nickel(II) ion were made by 

the addition of anhydrous nickel nitrate to the melt. This 

anhydrous nickel nitrate was prepared by the method of Prost 

and Robin (15)* in which nickel nitrate hexahydrate is 

evacuated at low temperature over several days and then 

slowly heated to higher temperatures. The product formed 

by this method had a light yellowish-green appearance. 

Addition of this product to the melt was not as satisfac-

tory a source of nickel(II) ion as the electrolysis method, 

as much greater amounts of nickel oxide were formed by this 

method. 
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Prom the polarograms which were taken with each addi-

tion of nickel nitrate to the melt, the apparent half wave 

potential was determined. Samples of the melt were col-

lected for later analysis of the nickel(II) ion and chloride 

ion concentrations. This half wave potential was then used 

to set the equilibrim potential of the hanging mercury drop 

electrode, using the circuit and procedure of Figure 2, 

Chapter II. Reduction of nickel(II) ion at the mercury 

drop took place until the equilibrium potential was reached, 

as evidenced by the return of the direct current to that of 

the residual current. The potential-time response of the 

hanging amalgam drop to a charging pulse was then recorded 

on Polaroid film using the Tektronix 535A oscilloscope. As 

mentioned earlier, the half wave potentials were generally 

overestimated due to the large maximum on the polarograms. 

For this reason, corrections were made to the measured re-

sponse by the use of Equations 12 and 13. 

After all of the polarographic and kinetic data had 

been collected, an analysis of the melt samples was made. 

Nickel(II) ion concentration was determined by standard 

colorimetric dimethylgloxime analysis. Chloride ion was 

determined by a potentioraetric titration with standard 

silver nitrate and was checked with a series of standard 

chloride solutions. The chloride ion concentration was 

measured to check the possibility of loss from the melt by 
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some distillation or precipitation process. Ho loss of 

chloride ion from the melt was detected over the entire 

experiment. 

A graph of the observed diffusion current versus true 

nickel(ll) ion concentration was prepared, and .this was 

linear to an 8 mM concentration with a slope of 2.19 /JA/raM. 

The expected diffusion currents for the higher concentra-

tions were then calculated, assuming the,linear current-

concentration relationship observed for the lower 

concentrations. The polarograms were then re-examined 

using these more reasonable diffusion currents. Although 

the polarograms which exhibited this maximum were highly-

distorted, it was evident that most of the half wave poten-

tials had remained constant and that the values chosen from 

the polarograms were generally cathodic to the true values. 

After the silver-silver chloride electrode had been in 

the melt for about two weeks, it slowly began to change 

potential# Even with the correction to the polarographic 

diffusion current, it was evident that the half wave poten-

tial was not constant after the reference electrode had 

been in the melt for this period of time, as the correction 

was by no means sufficient to explain the shift in the over-

all current-potential curve. The half wave potential re-

mained constant at -250 mY for the first two weeks. During 

this time, nickel(II) concentrations up to 19.5 mM were 



81+ 

studied. The half wave potential then moved to -265 mV 

for the reduction of a 22.11}. mM nickel(II) concentration. 

The system was not studied again for two weeks. After 

that period of time, the nickel(II) concentration had de-

creased due to formation of nickel oxide. Also, the half 

wave potential had moved to -310 mV. Finally, it shifted 

to -326 mV for the last concentration studied, a 28.5 mM 

nickel(II) concentration. This potential shift was real 

and is impossible to explain in terms of a maximum on the 

polarogram. Additional chloride ion was added to the melt, 

with no effect on the position of the half wave potential. 

The reference electrode was not responsive to chloride ion 

as would normally be expected. It is likely that the molten 

salt picked up moisture during the two week period of dis-

use, resulting in a conversion of the silver chloride to a 

silver oxide electrode. Oxide formation on silver-silver 

chloride electrodes has previously been reported in wet 

alkali nitrate melts (6). The shifting potential reported 

above for the polarographic analysis could thus be explained 

by increasing oxide ion concentration in the melt. 

In Table VIII, all of the information concerning the 

kinetics of the nickel(II) reduction is listed. In Column 

1, the true nickel(II) concentrations are listed. In the 

second column, the apparent half wave potentials are listed. 

These were the potentials set on the potentiometer of 
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TABLE VIII 

CORRECTIONS TO THE OBSERVED SLOPE OP THE LOG 
CURVES POR DETERMINATION OP 

KINETIC PARAMETERS 

-TIME 

Ni (II) 
(mM) 

(1) 

Es 

Used (mV) 

(2) 

" T' J"- "i 
Es 

Corrected 
for (mV) 

( 3 ) 

; True 
E_ (ra.V) 

B, 

(k) 

AE (rav; 

( 5 ) 

0 0 0 # * * 0 e * 

0 . 3 6 ' 21+9 2 5 0 283 -3k 

3 . 8 5 

21+9 
21+9 
2 5 5 
2 6 0 
2 5 5 
2 6 0 

21+9 
21+9 
251| 
251}. 
251}. 
2$k 

283 
283 
283 
283 
283 
283 

-3k 

- 2 3 
- 2 8 
- 2 3 

8.3k 
2 5 3 
2 5 3 
2 5 3 

2 5 3 
2 5 3 
2 5 3 

283 
283 
283 

- 3 0 
- 3 0 
- 3 0 

11;. 38 
3 3 0 
3 3 0 
33O 

3 1 0 
3 1 0 
3 1 0 

31+3 
31+3 

, ' 3k3 

- 1 3 
- 1 3 
- 1 3 

19.14-6 
2 7 5 
2 7 5 
2 7 5 

251+ 
251+ 
251+ 

283 
283 
283 

- 7 
- 7 
- 7 

22.11+ 2 8 7 
287 

2 6 5 
2 6 5 

298 
298 

- 1 1 
-11 ; 

28.51*. 
3 5 0 
3 5 0 
3 5 0 

3 2 6 
3 2 6 
3 2 6 

3 5 9 
3 5 9 
3 5 9 

- 9 
- 9 
- 9 



TABLE VIII--Continued 

86 

Multiplicative 
Factor 

(6) 

d log % 

dt (p.sec) 
(7) 

Slope 
Corrected for 

Residual Current 

(8) 

Slope 
Corrected for 

A E 
(9) 

e * 0.000800 * « # ® 

2 .93 0.000885 0.000085 0.00025 

2 .93 
2 .93 
2.1+2 
2 .07 
2.1+2 
2 .07 

0.00167 
0.00112 
0.00111 
0.00108 
0.00160 
0.00156 

0.00087 
0.00032 
0.00031 
0.00028 
0.00080 
0.00076 

0.00251+ 
0.00091]. 
0.00075 
0.00058 

' 0 .00170 
0.00160 

2 .58 
2 .58 
2 .58 

0.00135 
0.00135 
0.00132 

0.00055 
0.00055 
0.00052 

0.0011+2 
0.0011+2 
0.00131+ 

i . 5 i 
1.51 
1.51 

0.00278 
0.00278 
0.00278 

0.00198 
0.00198 
0.00198 

0.00299 
0.00299 
0.00299 

1.25 
1.25 
1.25 

0.001+95 
0.0021+0 
0.00585 

0.001+10 
0.00160 
0.00505 

0.00529 
0.00200 
0.00625 

1.1+2 
1.1+2 

0.00363 
0.00388 

0.00283 
0.00308 

0.001+02 
0.001+37 

1*33 
1 .33 
1 .33 

0.00539 
0.00790 
; 0.00775 

0.001+59 
0.00710 
0.00695 

0.00612 
0.0091+1). : 

0.00931 
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Figure 2 and used in the kinetic measurement. The third 

column lists the half wave potentials measured from the 

polarograms after correction for the expected diffusion 

current. Assuming that -2^0 mV was the correct half wave 

potential for the data taken early in the experiment, and 

using the other half wave potential values discussed above 

for the later work, Equation 12 was then used to obtain 

true amalgam electrode potentials. These values are listed 

in Column l|. The difference between the potentials listed 

in Column I}, and those listed in Column 2 represent the 

error in the potential used for the kinetic measurement as 

compared to the true amalgam electrode potential. This 

potential error is listed in Column 5• By application of 

Equation 13 and th'e value for oC of 0 .i|l, the error in the 

observed data was then corrected. The factor by which the 

observed data was required to be multiplied is listed in 

Column 6. 

Equation 6 of Chapter I was used to interpret the ob-

served potential response of the amalgam electrode to a 

small added overpotential. The overpotential-time response 

as measured on the oscilloscope and recorded on film was 

measured and a graph of log ^ against time was prepared. 

The slope of this line was then used to obtain the exchange 

current density, Ig, and Equation 7 of Chapter I was then 

used to obtain the standard reaction rate constant, K|. 
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Column 7 of Table VIII gives the slope of the log ̂  against 

time plots. These slopes were then corrected for the slope 

observed in the absence of nickel(II) ion. In Column 8, 

this 0.0008 slope has been subtracted from the values of 

Column 7• Finally, the values of Column 8 were corrected 

for the error in the amalgam electrode potential by multi-

plying these values by the factor in Column 6, The final 

slope is listed in Column 9. 

Figure 9 shows a plot of the change of the log 

against time plots as a function of nickel(II) ion concen-

tration. The slope of line (A), which was drawn using the 

method of least squares, is 2.59 x 10'^ mM"1. Line (B) has' 

a slope equal to 2.09 x 10"^, and was also determined by 

the method of least squares, except that the 28.5 mM point 

was omitted. Using the slope of line (A) of Figure 9, and 

Equations 6 and 7 of Chapter I, the value of the exchange 

current density, Ig, is found to be 0.21 x 10~3 amp cm-2, 

and the standard reaction rate constant, k§, is equal to 

1.59 x 10~3 cm sec'1. Using line (B), the two constants 

would.be lower by about 19 per cent. The average deviation 

in this data is about 2l\. per cent. 

Discussion 

The 1.59 x 10 3 cm sec"^ value obtained for the standard 

rate constant may be compared with the only other value re-

ported for this reduction in a molten alkali nitrate system. 
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Randies and White obtained a value of I4..2 x 10--5 cm sec 

at llj.0oC (16). They used the alternating current impedance 

bridge method to measure this rate constant. Using a pure 

mercury dropping electrode, they measured a value for this 

^ O ] 

constant of 6.2 x 10 J cm sec . These values were obtained 

in the absence of chloride ion. 

Upon addition of chloride ion to their melt at the 1.0 

per cent concentration used in the present investigation, 

Randies and White measured a value for the rate constant of 
— O "I 

1.6 x 10 cm sec"1. As was discussed in Chapter II, this 

increase which they observed was most likely due to an in-

crease in the double layer capacity and did not represent a 

true increase in the reduction rate. The results of the 

present investigation tend to substantiate this belief. 

There are several possible reasons why the value of the 

rate constant obtained in the present investigation differs 

slightly from that found by Randies and White. The tempera-

ture used was 20°C higher than that used by Randies and White, 

This temperature increase would be expected to increase the 

reaction rate, however, so that this correction is in the 

wrong direction. Randies and White were unclear as to which 

alkali nitrate melt system was used for their kinetic meas-

urement . They discussed using both the .binary and ternary 

alkali nitrate melts. A change in the melt used would 

certainly be expected to change the observed kinetic rate 

measurably. Also, they detected a rather large difference 
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in the rate constant when they changed from a dropping 

amalgam electrode to a pure mercury dropping electrode.. 

They attributed this difference to deposition of nickel 

from the amalgam, but it seems more likely that they made 

a small error in measurement of the half wave potential 

for the nickel reduction. Since they gave no information 

concerning nickel(II) concentrations studied, and they 

did not mention the dependence of the rate .constant on 

the concentration, there is no way to tell if they had 

any problem with the solubility of nickel in mercury. 

Another possible reason for disagreement between the 

two kinetic studies concerns the double layer capacity 

used in both investigations. Randies and White measured 

the dbuble layer capacity in the absence of added nickel(II) 

and assumed that the nickel(II) ion would have no measura-

ble effect on the capacity. Evidence collected in the 

present investigation shows this assumption may not be 

correct. Examination of the lf>7°C' data in Table Y of • ; 

Chapter II shows that the capacity of the pure melt is 

20.5 p.F/cm^ at -ij.00 mV. A capacity curve was determined 

for the melt containing 1.0 per cent potassium chloride, 

which corresponds to a chloride ion mole fraction of 

2.Sb x 10 The capacity of the melt at -I4.OO mV with the' 

added chloride ion was 27-0 jiP/cm^. This capacity curve 

was determined using the silver-silver chloride reference 

electrode, so that the chloride ion caused an increase in 
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the capacity. The entire capacity curve determined in the 

presence of added chloride ion was uniformly higher than 

that determined in the absence of chloride ion. 

With added nickel(II) ion, the average capacity as de-

termined from the log/\ against time plots was 32.7 joF/crâ . 

No significance can be placed on this value, however, as the 

contribution to the capacity from the nickel(II) ion reduc-
* 

tion cannot be easily subtracted from the measured capacity. 

Also, the capacity as determined in the present of nickel(II) 

ion increased with, time, apparently due to nickel oxide forma-

tion on the surface of the drop. Even though the capacity 

increased with time, the slope of the log ̂  against time 

plots was not time dependent. For these reasons, the 

27.0 jiP/cm^ capacity value was used in the calculations of 

and k|. 

Two other possible sources of error should be mentioned. 

If the value of 0.35 x 10"^ crn̂  sec"̂ " for the diffusion co-

efficient for nickel(II) determined by Inman, Lovering and 

Narayan (8) had been used in Equation 10 instead of the value 

of 1.2 x 10 cm sec" determined by Steinberg and Nachtrieb 

(17), the rate constant would have been approximately twice 

that obtained from the slope of Figure 9. It would be dif-

ficult to accept the lower value of the diffusion coefficient 

for the nickel(II) ion, however, because the value used for 

the nickel metal diffusion coefficient in mercury was obtained 

from the data of Steinberg and Nachtrieb. 
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The final source of error to be discussed is that of 

determination of the slope of the log ̂  against time plots. 

A typical plot of this data is shown in Figure 10. Two dif-

ferent curves are shown here. Both of these were taken at 

an oscilloscope setting for the vertical amplifier of 

5 mv/cm, but the top curve was obtained with an oscilloscope 

swe*ep rate of 2 p.sec/cm, while the lower curve was recorded 

at 5 jasec/cm. Although the two curves do not extrapolate 

to the same potential at zero time, the two values are with-

in 5 P©r cent agreement. As mentioned in Chapter II, the 

overvoltage is too high for the first 10 psec due to over-

driving of the oscilloscope vertical amplifier. The slope 

of the top curve is -1.37 x 10"3, while that of the lower 

is -1.35 x 10-3# The nickel(II) concentration used in 

Figure 10 was 8.3U- Some of the curves recorded at 

higher nickel(II) concentration yielded log7^ against time 

plots which exhibited more curvature than those of Figure 10, 

so that considerable indeterminate error may be present in 

the data of Table VIII from this cause. However, as may be 

seen from Figure 9, the data appear to be rather consistent 

over the entire concentration range studied, so that the 

error in the measurement of the slope may not be great. 

The primary consideration of the findings of this in-' 

vestigation is the apparent fact that the reduction of 

nickel(II) ion in molten alkali nitrate is a kinetically 
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slow process. No conceivable combination of errors in this 

investigation could change the measured rate constant by 

an order of magnitude. Whether or not this reaction is 

slov due to the strong interaction between the nickel(II) 

ion and the nitrate ion which discussed by Inman, Lovering 

and Narayan (8) is not known. Gruen and co-workers have 

shown the similarity in coordination of nickel(II) ion in 

water and in molten lithium nitrate-potassium nitrate 

eutectic, so that the effect of solvent in these two cases 

may be very similar. Randies and White estimated the rate 

constant for the reduction of aqueous nickel(II) ion to be 

of the order of 10 - 1^ from observation of the amount of 

deformation in the polarograms for this reduction. They 

suggest that the increase in the rate constant in alkali 

nitrate solvent was due mainly to an increase in tempera-

ture (16). Temperature rather than solvent may be the 

important consideration, as Laitinen, Tischer, and Roe 

found a value of 0.1 cm sec"""*" for the reduction rate con-

stant of nickel(II) ion in lithium chloride-potassium 

chloride eutectic at 1\.%0°G. 

Evidence presented in this investigation does not in-

dicate a point at which solubility of nickel in mercury 

limits the rate of the electrochemical reduction. This in-

dicates a much greater solubility of nickel in mercury than 

is indicated by other methods. It is possible that the 
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nickel is in fact not soluble in the mercury, but that as 

it is reduced at the mercury surface, it reacts with the 

melt to form a nickel oxide coating. This type of oxida-

tion has been observed in the polarographic study of 

lead(II) in molten potassium nitrate-sodium nitrate at 

2£0°C (18). Also, this would correspond to the observa-

tions of Mindowicz concerning film formation during nickel(II) 

reduction in aqueous solution (li|). Careful examination of 

the mercury drops used in the kinetic measurements revealed 

a dark film present on these drops. Also, as mentioned 

earlier, a drop left in the melt for a long period of time 

was seen to undergo a large increase in capacity. Randies 

and White noted an increase in the impedance of an amalgam 

drop after it was in the melt for a long' period of time (16). 

A possibility exists that the polarographic determina-

tion of the chloro complexes of nickel(II) performed by 

Christie and Osteryoung (3) is somewhat in error due to 

their neglect of double layer effects. Since.the capacity 

of a mercury electrode increases with increasing concentra-

tion of chloride ion, the potential at the plane of closest 

approach of the nickel(II) ion decreases if the applied ex- • 

ternal potential is held constant. 

Two suggestions come to mind for future work in this 

area. First, the kinetics experiment should be repeated 

using bromide ion in place of the chloride ion in the melt. 
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Randies and "White observed a much larger increase in the 

nickel(II) reduction rate with added bromide ion over that 

observed with added chloride ion. Also, the work of 

Randies and White should be repeated using the same alterna-

ting current bridge method which they used, but' the capacity 

of the alkali nitrate, melt with added chloride and bromide 

ion should be determined. In this manner, the true effect 

of these ions on the rate of the nickel(II) reduction could 

be measured. A frequency study of these effects should be 

made at the same time in order to determine the true elec-

trode capacity in the presence of nickel(II) ion. 
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