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ABSTRACT 

The published emf series in the alkali metal nitrite, nitrate, 

chloride, sulfate and carbonate melts are correlated to form a single 

(unified) emf series based on the standard aqueous hydrogen reference 

electrode at 25°C. Emf series in two different melts (X and Y) are 

correlated at a given temperature using the solvent junction cell: 

Ag/Ag(I) in X // Ag(I) in Y/Ag 

and two emf series in the same solvent, X, but at different tempera-

tures, T and T + AT, are correlated using the thermoelectric cell: 
Ag / Ag(I) in X / - - - - / Ag(I) in X / Ag 

T T T 

The emf series in the ternary alkali metal sulfate eutectic at 

550°C is extended by the development of a reversible gaseous sulfate 

electrodc 

SO4
2-/SO3' 02/Pt 

A redesigned gaseous nitrate electrode, 

NO3-/NO2, 02/Pt 

and gas control system are used to obtain values which substantiate 

the published potentials for the silver nitrate formation cell (250 

to 400°C). 

The activity coefficients, r, for silver nitrate in six differ-

ent alkali metal nitrate melts are determined as a function of tem-

perature using the silver nitrate concentration cell: 

ii 



Ag/AgNO3 // Ag(I) in MeNO3/Ag 

The effects of the liquid junction potential and the corrosion of 

the silver electrode by the nitrate melt in the concentration cell 

are included in the calculations. Equations interrelating the stand-

ard electrode potentials on the three concentration scales are 

developed using 2rvalues to compensate for the non-ideality of the 

system. 

The unified emf series show that at 550°C the order of stability 

with respect to oxidation for the anions in this study is as follows: 

C03 2.. < NO3 ." < < S04 2 -

The silver(I) ion in the melts is only slightly stabilized by an 

increase in temperature or cation size, whereas a change in anion 

has a much greater effect; at 550°C the stability series is: 

S04
2- < NO3- < C03

2- < NO2- < Cl-

Reversible potentials ranging from 0.118 to 1.42 volts are 

calculated for oxyacid forming fuel cells at 550°C using the unified 

emf series. A lengthy review on the electrochemistry of nitrate 

melts and a series of density measurements on nitrate melts are 

also included in the investigation. 
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1. INTRODUCTION 

1.1 General Introduction 

Molten salts provide the chemist with a group of high-temperature 

solvents for systems operating at temperatures from a few degrees above 

room temperature up to 3000°C. The melts range from the simplest ionic 

liquids, such as the alkali metal halides, through the less simple oxy-

anion melts such as the alkali metal nitrates, sulfates and carbonates 

to the often complex associated liquids such as molten phosphates, 

borates and silicates. In each case, the ionic character of the crys-

talline solid persists in the molten state, although local association 

reactions may take place. The wide variety in the structure and ionic 

nature of the many inorganic salts plus the almost complete miscibility 

for most of the melts provide the electrochemist with a group of sol-

vents with conductivities ranging from zero to 500 times greater than 

the conventional aqueous electrolytes, and viscosities from 0.1 cp to 

105 poise. Military and industrial establishments have used fused 

salts as moderators in nuclear reactors and as electrolytes in high 

temperature fuel cells and for the production of metals, particularly 

those which cannot be electrodeposited from aqueous and non-aqueous 

solutions at room temperature. 

The growing interest in and use of molten salts, as testified to 

by the near exponential increase in literature on the subject since 



the 1930s, has resulted in the publication of several books (1 - 3) 

and noteworthy reviews (4 - 7) devoted to the subject. Janz .;8) and 

Blomgren (9) have recently reviewed the current status of the theor-

ies of fused salt solutions and their compatibility with experimental 

data. Many of the reviews have been devoted to specific aspects of 

the electrochemistry of melts, such as the emf of equilibrium cells 

(4, 10 - 14), the various types of electrodes (10, 14 - 16), electrode 

kinetics (17) and the electroanalytical techniques (5, 6). Much of 

the Russian literature for the years 1959 to 1965, which is normally 

unavailable, has been surveyed in a series of annual reviews (18). 

The modern uses of molten salts is exemplified by the survey by Cohn 

(19) in 1966 on the use of molten salt fuel cells in the past, present 

and future space program of the United States. He also included per-

formance data on the various systems used in the Gemini and Apollo 

space programs. 

1.2 Purpose of Investigation 

This study was initiated to examine the potential of an electrode 

in a fused salt system as a function of the nature of the solvent and 

the temperature of the electrochemical cell. From the data of this 

investigation it was possible to correlate the emf series which have 

been established for the various melts and in order to complete the 

data it was necessary to examine several gaseous electrodes which are 

reversible to the anion of the solvent and the non-ideality of the 

silver(I) ion in the alkali nitrate melts. The literature on the 

2 



electrochemistry of the alkali metal nitrite, nitrate, chloride, sul-

fate and carbonate melts, through December 1969, is reviewed in chap-

ters two through six with an emphasis on the alkali metal nitrate 

melts in chapter three. (No general survey of the nitrate literature 

has previously been made.) This review shows that extensive emf series 

have been reported for many different melts at a variety of tempera-

tures (20) depending upon the melting point of the solvent. One of 

the purposes of this investigation is to correlate the emf series in 

one solvent, X, with that in another solvent, 1, by the use of a sol-

vent junction cell, at a given temperature, of the type: 

M/M(I) in X//M(I) in Y/M (1.1) 

If there is a temperature change as well, then an additional th'rmal 

cell in one of the solvents is required to connect the two tempera-

tures, T and T + A T. 

M / M(I) in X / - - - / in X / M (1.2) 
T T + d  T 

The use of these two types of cells makes it possible to relate all 

the electrode potentials in the different melts to one common refer-

ence electrode in a given solvent and at a given temperature (e.g., 

the standard aqueous hydrogen electrode at 25°C). 

A second purpose of this investigation is to develop or improve 

gaseous electrodes which are reversible to the anion in the melt. The 

halogen, carbonate, nitrate and nitrite anion gas electrodes have 

investigated and reported, although certain aspects of the latter 

are questionable. No report could be found in the literature on a 
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reversible sulfate gas electrode involving the electrode reaction 

S03 + 202 + 2e = SO42 (1.3) 

In the measurement of formation potentials for many metal salts, reli-

able anion electrodes are essential. These electrodes are also the 

most favorable, thermodynamically, for emf measurements in the par-

ticular solvent. 

The third purpose is to calculate the formation potentials of 

several oxyacids at elevated temperatures with the aid of the solvent 

junction cells, the hydrogen electrode potential in the lithium-potas-

sium chloride eutectic and the oxyanion gas electrode potentials. The 

normal sequence that occurs in the direct measurement of the formation 

of nitric acid is 

NO2 + 1/202 + 32E2 = HNO3 (1.4) 

003 = kH20 + 1/402 + NO2 (1.5) 

+ 1/2112 = 1/21120 + 1/402 (1.6) 

and the net thermodynamic values obtained are for the formation of 

water (equation 1.6). In the electrochemical cell, the nitric acid 

is never allowed to form and only the thermodynamics of reaction 1.4 

are measured. 

The practical application of this investigation is that it points 

out the feasibility of the development of gaseous fuel cell systems. 

The change from one solvent to another in one half of an electrochemi-

cal cell will increase the emf of a single solvent system by several 

hundred millivolts. The development of one uniformly based emf series 
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for all electrodes, temperatures and solvents will be a significant 

contribution to the entire field of electrochemistry in molten salts. 

1.3 Experimental Approach 

The investigation was limited to the alkali nitrite, nitrate, 

chloride and sulfate melts since either their pure melts or eutectics 

are molten below 560°C, the upper temperature limit of Pyrex glass. 

To work at higher temperatures more complex furnaces and Vycor glass-

ware would have to be used throughout the system. The major part of 

the literature on molten salts deals with these low melting salts. 

The silver(I)/silver electrode was used throughout this investi-

gation because it is common to all the molten salt emf series compiled 

by Plambeck (20) as well as being the most common practical reference 

electrode. Also, the silver(I)/silver electrode is stable over a 

large range of temperatures and can be easily prepared by anodizing 

silver wire in the melt. 

In order to make the required thermodynamic calculations, it was 

necessary to determine the activity coefficients for the silver ion in 

various melts (chapter seven) by studying the cell: 

Ag/AgNO3//Ag(I) in MaNO3/Ag (1.7) 

The results for the measurements on the silver solvent junction cells 

Ag/Ag(I) in X//Ag(I) in Y/Ag (1.8) 

and the silver thermal cells 

Ag / Ag(I) in (Na,K)NO3//Ag(I) in (Na,K)NO3 / Ag (1.9) 

T T AT 
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are presented in chapters eight and nine respectively. A new type of 

platinum gas electrode and gas measuring and mixing system are report-

ed in chapter ten along with data for the NO2-/NO2/Pt, the NO3-/NO2, 

02/Pt, the C1-/HC1, H2/Pt and the S042-/S03, 02/Pt gas electrodes. In 

chapter eleven the data from the previous chapters (seven through ten) 

and the literature review (chapters two through six) are used to devel-

op a unified emf series for five melts and temperatures up to 550°C 

based on the standard hydrogen electrode at 25°C. The formation poten-

tials for nitric, sulfuric and carbonic acids were calculated from the 

gaseous electrode potentials and reported in the final chapter. 



2. PREVIOUS STUDIES ON THE PROPERTIES OF NITRITE MELTS 

2.1 Ph sical and Electrochemical Properties 

The published data on the physical and chemical properties of the 

molten alkali nitrites is much less than that for the nitrate systems. 

The absence of data on the nitrite systems is largely due to the exper-

imental difficulties (e.g., the ease of oxidation to nitrate and the 

problems of drying the materials) in working with molten nitrites. 

Extensive binary and ternary phase diagrams involving alkali and alka-

line earth nitrites have been published by Protesenko and co-workers 

(21 - 25). Their studies show that all the alkali nitrites except 

lithium nitrite are thermally stable up to temperatures about 100°C 

above their melting points (26). The presence of platinum acts as a 

catalyst for thermal decomposition and lowers the decomposition tem-

perature. 

Oza and Walawalkar (27) have studied the thermal decomposition of 

sodium and potassium nitrites and found that nitrites undergo decompo-

sition in the initial stage as: 

2KNO2 = K20 NO + NO2 (2.1) 

By studying the effects of nitric oxide, oxygen and nitrogen dioxide 

on the end products they concluded that the following secondary reac-

tions must occur: 

K20 + 2NO2 = KNO2 + KNO3 (2.2) 
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KNO2 + NO2 = KNO3 + NO (2.3) 

2KNO2 + 2N0 = 2KNO3 + N2 (2.4) 

If reaction (2.3) proceeds at a moderate rate, then this chemical 

reaction will prevent the formation of a reversible NO2-/NO2 gas 

electrode which is discussed later in this chapter (see section 2.3). 

This proposed mechanism was challenged by Freeman's results (28) 

where the main product was found to be nitrogen with some oxygen and 

very little nitric oxide. Bond and Jacobs (29) pointed out that this 

discrepancy may be partly due to the different reaction vessels used 

by the investigators: Freeman used a platinum vessel whereas the other 

workers used an all-glass system. This suggests that the decomposition 

may be, in part, an heterogeneous reaction. Bond and Jacobs considered 

two possible reactions: 

2NO2- = 0
2- 
+ 2N0 + k07 (2.5) 

2NO2- = 02- + N2 + e3l2 (2.6) 

Since there is only a small amount of nitric oxide in the products, 

reaction (2.6) must be the major route. 

The electrical conductance, k, (26) and density, D, (30) for all 

the pure alkali metal nitrites, as a function of the temperature, have 

been reported in the literature. The two properties are a linear 

function of the temperature and are given by the general formulas: 

k= a+bx 10-4 T (2.7) 

D = a' + b' N 10-4 T (2.8) 

The constants for the five nitrite salts are summarized in Table 2.1. 
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TABLE 2.1 

VALUES FOR THE PARAMETERS IN THE CONDUCTANCE 
AND DENSITY EQUATIONS FOR SOME NITRITE MELTS 

Parameter LiNO
2 

NaNO
2 

KNO
2 

RbNO2 CsNO
2 

a (ohm-lcm-1) -0.685 -0.130 -0.280 -1.673 -0.282 

b (ohm-lcm-ldeg C-1) 60.0 51.6 34.8 57.7 24.3 

a' (gm cm-3) 1.739 1.976 1.993 2.696 3.258 

b' (gm cm-3deg C-1) -4.60 -6.18 -6.76 -8.25 -10.14 

The equivalent conductance,A., for a molten electrolyte is given 

by 

— Mk/ D 

where M is the equivalent weight of the salt. This equation follows 

from the classical definition 

= 1000 k/C 

when it is applied to the upper limit of concentration for the electro-

lyte, i.e., the state of the single-salt melt as the electrolyte. 

The transport numbers, t+, for the cations in sodium and potassium 

nitrite were measured by Duke and Victor (31) and found to be 0.75 + 

0.10 and 0.62 + 0.06, respectively. In both cases the t+ was slightly 

larger than that for the corresponding nitrate salts. Unfortunately, 

the workers did not state the temperature at which the measurements 

were made or if the t
+ 

was a function of the temperature. 

The electrochemical reduction of the pure nitrite melts has been 

discussed in several papers. Bartlett and Johnson (32) have reported 

(2.9) 

(2.10) 
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that the reduction process in the nitrite melt is as complex as that 

which occurs in the nitrate melts (chapter 3.2, page 23). The melt 

around the platinum cathode turned red at first and then green with 

the evolution of gas during the electrolysis of sodium nitrite (302°C) 

at a potential of -1.5 volts versus a silver(I)/silver reference 

electrode. The decomposition potential of the single-salt nitrite 

melts was found to be a function of the anode material by Protsenko 

and Protsenko (33). The decomposition potential for the alkali metal 

nitrite melts is given by the general equation 

AE 
Et Eto 

At 
(t - t0) x 10-3 (2.11) 

and the parameters for the five salts are summarized in Table 2.2. 

TABLE 2.2 

VALUES FOR THE PARAMETERS IN EQUATION (2.11) FOR THE 
DECOMPOSITION POTENTIAL OF SOME NITRITE MELTS 

Salt Eto (Volts) t0 (°C) AE/AT Anode Material 

LiNO2 3.18 260 -2.17 Pt 

2.94 260 -3.58 C 

1,—NO
2 

1.70 360 -3.10 Pt 

1.50 360 -3.30 C 

KNO2 1.44 460 -8.71 Ag 

RbNO2 1.46 
. 

460 -4.79 Pt 

CsNO2 1.59 460 -4.94 Pt 

10 



They proposed that the metal ion was reduced to the metal at the 

cathode 

Me(I) + e- = Me (2.12) 

and that the nitrite ion was oxidized to form nitrate ion and nitric 

oxide at the anode: 

2NO2  = NO3 + NO + e (2.13) 

Two additional reactions which involve the active alkali metal pro-

duced at the cathode may occur to form various products: 

6Me + 2MeNO2 = 4Me20 + N2 (2.14) 

6Me + N2 = 2Me3N (2.15) 

The use of a carbon anode permits the possibility of two additional 

reactions which may explain the change in the decomposition potential: 

C + 2N0 = CO2 + N2 (2.16) 

C + CO2 = 2C0 (2.17) 

The kinetics for the oxidation of the nitrite ion on both plati-

num (34) and graphite (35) have been reported in the literature. The 

overall anodic reaction on platinum is: 

NO2- = NO2 + e- (2.18) 

which, although at variance with the Russian workers (33), has been 

confirmed by several other investigators (36 - 38). The kinetic par-

ameters were determined from current-voltage curves using pure nitrites 

and nitrites dissolved in a 1:1 sodium-potassium nitrate mixture. To 

interpret the electrode process which produces nitrogen dioxide from 

the oxidation of the nitrite ion on platinum, it was assumed that 

there was a single adsorbed intermediate. The proposed mechanism was 
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as follows: 

NO2  + Pt = (NO2)Pt + e 

(NO2)Pt = NO2 + Pt 

or 

(2.19) 

(2.20) 

2(NO2)Pt = Pt + N204 = 2NO2 (2.21) 

The adsorption of the intermediates was discussed in terms of 

both the Langmuir and the Temkin isotherms and similar conclusions 

were reached for each model. Although both reactions (2.20) and 

(2.21) are possible reaction paths, the type of reaction entities and 

the temperature involved in the system indicates that the former would 

be the most probable. 

The analysis of the kinetics of the oxidation of nitrite ions on 

a graphite anode (35) produced two reaction schemes of which the first 

is closely related to that for the platinum anode (34). The two reac- 1 

tion schemes, in which either reaction (2.23) or (2.26) is the rate-

determining step, assuming a low electrode surface coverage by reaction 

intermediates, are as follows: 

NO2- + C = (NO2)C + e- (2.22) 

(NO2)C + NO2  = N204 + C + e- (2.23) 

N2
04 

= 2NO
2 

(2.24) 

and 

NO
2
-+ C = (NO2)C + e- (2.25) 

(NO2)C = N021- + C + e- (2.26) 

NO2
+ + NO2- = (N204) = 2NO2
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The scatter of the results was interpreted as the consequence of 

the diffusion of nitrogen dioxide through the porous electrode mater-

ial. The existence of the nitryl ion, NO2+, in the reaction (2.26) 

has been the subject of much controversy and will be discussed in 

chapter 3.2 (page 23). 

The electrochemical behavior of the nitrite ion and nitrogen 

dioxide in nitrate melts has been the subject of many recent papers. 

Swofford and McCormick (38) reported the oxidation of the nitrite ion 

in the sodium-potassium nitrate eutectic at 250°C occurring in the 

region of +0.2 to +1.0 volts versus a 0.07 M silver(I)/silver refer-

ence electrode. A plot of E vs log(. 1 .) yielded a value for the 
id 

half wave potential (E1) of +0.476 volts and verified that the oxida-

tion was a one electron process. The height of the polarogram produced 

by the nitrite ion was shown to be directly proportional to the amount 

of sodium nitrite added or the amount of nitrate electrically reduced 

to nitrite (39). 

In a more recent paper McCormick and Swofford (37) used coulometric 

experiments to establish that the oxidation of nitrite to nitrogen 

dioxide was also a one electron process. It was thought that the low 

solubility of nitrogen dioxide E: 5 + 3 x 10-3 M at 300°C (40) 3 was 

responsible for the previous report of its inactivity (38). McCormick 

and Swofford (37) saturated the melt with nitrogen dioxide and left it 

for eighteen hours to equilibrate. They found that the nitrogen diox-

ide was active and it was the slow rate of dissolving in the melt that 

presented the erroneous interpretation of results. The oxidation of 
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the nitrite ion was shown (37) to be reversible by the wave analysis 

of current-voltage curves and chronopotentiograms. The low rate of 

solution for the gas interfered with the forward-to-reverse transition 

time ratio in the chronopotentiometric studies. The ratio varied from 

6:1 at low current densities to 4:1 at high current densities while 

the expected ratio (Ir. 3:1) was never realized. 

As well as supporting the claim by Topol et al. (40) that the 

oxidation process is reversible, McCormick and Swofford (37) verified 

their proposed reaction between nitrogen dioxide and the nitrite ion. 

NO2(g) + NO2- = NO3- + NO (2.28) 

Inman and Braunstein (41) found no evidence to support the exist-

once of the nitryl ion, NO2-1-, which might result from a further oxida-

tion of nitrogen dioxide adsorbed on the electrode surface. They 

proposed that the nitryl ion would react rapidly with oxide (in the 

melt or on the platinum surface) or nitrate ion. 

mn 02-2 e -""› NO2  202 (2.29) 

NO2+ + NO3 -> 2NO2 + 1/202 (2.30) 

If the nitrogen dioxide had been adsorbed on the electrode, the 

chronopotentiometric forward -to-reverse time ratio should have 

approached unity instead of the 4:1 ratio. The second oxidation 

wave mentioned by Inman and Braunstein was completely absent in all 

of the studies performed by McCormick and Swofford (37). Topel et al. 

(40) have also claimed the existence of the nitryl ion in the acid-

base dissociation of the nitrate ion. 
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2.2 Electrodes and Electrode Potentials 

The use of metal electrodes in molten nitrites has been limited 

to platinum and silver. Calandra and Arvia (36) reported that the 

silver(I)/silver reference electrode in molten sodium nitrite was 

unstable due to chemical decomposition. The handbook (42) lists the 

decomposition temperature of silver nitrite as 140°C and most of the 

electrochemical cells were operated at about 300°C. Calandra and 

Arvia used a silver(I)/silver electrode in sodium nitrate-potassium 

nitrate melt which was connected to the nitrite melt by a Luggin Haber 

capillary. The diffusion of nitrite into the nitrate melt after a 

period of several hours caused chemical decomposition to occur (34). 

They found the best reproducible results were obtained by dipping a 

platinum wire into a nitrite melt saturated with nitrogen dioxide 

which was formed in situ by electrolysis. 

Bartlett and Johnson (32) developed a silver(I)/silver electrode 

in sodium nitrite by anodizing the silver wire with a current effi-

ciency of 100%. The silver electrode was found to be stable and the 

slope of the Nernst plot for a concentration cell experiment in sodium 

nitrite at 302°C was in agreement with the theoretical value. Bart-

lett (43) attempted to produce other metal ions in solution by anodic 

generation but it was found that oxidation of the melt preceded the 

anodic dissolution of the metal. A gas was evolved when cobalt, 

nickel and iron were anodically polarized in the melt. A white sludge 

was produced when magnesium was anodized. Platinum anodes became 

corroded after prolonged use and the color of the melt in the anode 
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compartments became green. 

A reversible sodium(I)/sodium electrode in sodium nitrite has 

been reported by Calandra and Arvia (36, 44). The liquid sodium was 

formed in the cathode compartment by the electrolysis of the sodium 

nitrite melt using platinum electrodes at a current density ranging 

from 50 to 200 m A cm-2. There is not enough thermodynamic data 

available to calculate d  G° for the reaction: 

3Na + NaNO2 = 2Na20 + 1/2N2 (2.31) 

However, the j G600 
was calculated to be -173.7 kcal mole "1 (32) for 

the corresponding reaction in sodium nitrate. 

5Na + NaNO3 = 3Na20 + 1/2N2 (2.31) 

This large negative value for J3 G600 ° would suggest that the existence 

of the reversible sodium(I)/sodium electrode is questionable. 

2.3 Gas Electrodes 

Calandra and Arvia (36, 44) measured the potential of the sodium 

nitrite formation cell by electrolyzing the melt to produce a sodium 

electrode and a nitrite electrode. The Tafel slope taken from the 

current voltage curves run on the nitrite electrode at 277°C was 109 

+ 5 my (2:2.303 RT/F) which indicates that the transfer coefficient, 

ce, must be unity. The potential of the reversible nitrite electrode 

was also measured against a silver electrode in a 1:1 sodium-potassium 

nitrate mixture. The results of the different cells were as follows: 

Ag/Ag(I) in (Na,K)NO3//NaNO2/NO2/Pt E3060c = -0.550v (2.32) 

Na/NaNO2/NO2/Pt 
E306°C = 

2.720v (2.33) 
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Unfortunately, there is not enough thermodynamic data available to 

calculate the theoretical E° for sodium nitrite. 

The nitrite electrode behaved ideally according to the Nernst 

equation when the nitrite and nitrogen dioxide concentrations were 

varied. 

NO2 + e = NO2- (2.34) 

E 
E° 

RT  2 (2.35) 
F n 2NO2 

The nitrite concentration in a nitrate melt was varied by controlled 

reduction of the nitrate ion; oxide ion was also produced in the 

reduction of the nitrate ion but it is not known if it would inter-

fere with the electrode reaction. The partial pressure of the nitro-

gen dioxide was lowered by sweeping the melt with nitrogen; however, 

poor results were obtained. A change of 
PNO, 

from 1 to 0.1 atm. 

reduced the potential by only 0.10 to 0.12 volts, whereas the theoret-

ical reduction in potential is 0.111 volts. 

If the nitrite electrode exists, there is a serious question 

whether it has any thermodynamic meaning. Several research teams 

have verified that nitrogen dioxide will enter into a direct chemical 

reaction with the nitrite ion (37, 40, 45). 

NO
2(g) 

+ NO
2
- -> NO(g) + NO

3
- (2.36) 

The reaction would be greatly suppressed in dilute solutions of nitrite 

in nitrate; however, in pure nitrite melts the reaction would be pre-

sent to a considerable degree. The existence of this side reaction 

would produce a mixed electrode reaction and make any thermodynamic 

analysis very difficult. 
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3. PREVIOUS STUDIES OF THE PROPERTIES OF NITRATE MELTS 

3.1 Physical Properties 

In molten salt studies the nitrate salts of the alkali metals 

have been used extensively as the solvent due to the ease of purifica-

tion and handling and the low melting points of nitrate melts. The 

sodium and potassium salts have been the preferred solvents in past 

research due to the corrosive properties of lithium nitrate. The 

three pure nitrates melt between 270°C and 350°C, whereas their mix-

tures or eutectics have a much lower melting point. The 50:50 mole mixture 

of sodium-potassium nitrate 

molten salt research. Janz 

of most of the pure nitrate 

melts at 220°C has been widely used in 

(2) has tabulated the physical properties 

salts and Protsenko et al. (46) have 

reviewed the properties of nitrate mixtures. The purification tech-

nique and criterion for purity of nitrate melts has been discussed 

by several workers (39, 47). The general procedure is to oven-dry 

the salts, heat to melting, filter and purge with nitrogen for several 

hours. The criterion for purity as used by Swofford and Laitinen (39) 

was a residual current of less than 0.5/ 44 amp at an applied potential 

of -0.8 volts versus a 0.07 molal silver(I)/silver reference electrode 

using a platinum micro electrode (area = 10-3 cm2). 

The structure of molten nitrates and the effective interionic 

distances discussed by James (48) was used by Kleppa and Hersh (49, 
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50) in their study on the heat of mixing in binary melts. They have 

reviewed the past literature on binary mixtures and developed the 

following general formula which relates the heat of mixing, A HM

to the lattice energy, U, of the mixture and the interionic distance, 

d, in the two pure components. 

A HM -N(1 - N) U 
d1 + d2 

2 

(3.1) 

From the equation in which N is the mole fraction of one of the com-

ponents, it can be seen that A HM increases as the difference between 

the ion sizes in the mixture increases and that A HM reaches a maxi-

mum LA in a 50:50 mixture. The maximum value for HM in the lithium-

sodium nitrate mixture is approximately 120 cal mole-1 and in the 

lithium-potassium nitrate mixture it is approximately 480 cal mole-1. 

Blander (1) has summarized the parameters for most binary nixtures of 

the nitrate salts of silver, thallium and the alkali metals. The heats 

of mixing silver nitrate with seven different binary alkali nitrate 

mixtures have been measured by Meschel and Kleppa (51). The viscosity 

of binary mixtures has e.so been related to the ion sizes by Murgulescu 

and Zuca (52). In a series of papers Isbell et al. (53) studied the 

cryoscopic behavior of solutes in molten alkali nitrates to determine 

the stability constants for complexes in nitrate melts. Their results 

were found to be in agreement with those obtained by spectrophotometric 

and electrical methods. The average value for the freezing point depres-

sion constant for lithium nitrate was 6.3 + 0.1 degrees per mole of 

foreign ion. 
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The thallium nitrate-silver nitrate eutectic has the advantage 

of a very low melting point (82.2°C) (2) but the disadvantage of 

poisonous thallium vapors. The vapor pressure of pure thallium nitrate 

at 300°C is 5.6 x 10-3 mm Hg (54), whereas the vapor pressures of the 

alkali and silver nitrates are at least a factor of 100 below this 

value (55). Peleg (56) used a voltammetric method of analysis to 

determine the amount of water in the molten alkali nitrates as a func-

tion of its vapor pressure above the melt. He found that the water 

obeyed Henry's law with a constant, K , ranging from about 10-4 for 

lithium nitrate to a low of 10-6 mole water (mole solvent)-1 (mm P)-1

for potassium nitrate. An increase in temperature from 310°C to 

370°C reduces the K value for lithium nitrate by a factor of over 2. 

By comparison the K value for nitrogen in sodium nitrate at 370°C is 

1.31 x 10-7 moles nitrogen gas (mole melt)-1 (min P)-1. 

The densities of pure nitrate melts have been well tabulated (2) 

but,unfortunately, those of the binary mixtures are scattered through-

out the literature and some systems have not been studied. The values 

for the parameters in the general density equation, 

D = a - bT (3.2) 

are tabulated in Table 3.1 for the eutectics and mixtures which will 

be used in this current research. The density of the lithium-sodium 

nitrate eutectic (0.54:0.46) and mixture (0.59:0.41) have not been 

determined as of this date. The molar volumes were found to be addi-

tive to I- 1% for most alkali nitrate and halide systems (57). The 

general formula used to calculate the molar volume, V, of a mixture 
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containing lithium, potassium, chloride and nitrate ions is as follows: 

V = X-X V
o 

+ V
o 

+ V . + V (3.3) 
Cl KC1 N NO3 KRO3 Li Cl LiC1 Li NO3 LiNO3 

where X is the ion fraction and V° is the molar volume of the pure 

salt. 

TABLE 3.1 

DENSITIES OF MOLTEN NITRATES 

Melt a (gm cm-3) b (x 104 gm cm-3 aC-1) Reference 

0.5 LiNO3

0.5 KNO3
2.033 + 0.0007 _ 6.83 57 

0.625 LiNO3
2.010 + 0.0006 6.57 57 

0.375 KNO3 _ 

0.5 NaNO3 2.134 + 0.0009 7.73 58 
0.5 KNO3 

0.41 LiNO
3 2.111 7.80 59 

0.59 KNO3

0.45 NaNO3 

0.55 KNO3 
2.290 13.3 59 

0.6 LiNO3

0.4 KNO3
2.043 6.9 60 

0.6 LiNO
3 2.046 6.4 60 

0.4 NaNO3

The thermal decomposition of sodium nitrate occurs in two steps 

(29): 

2NO3 
= 2NO

2
-+ 0 2 
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2NO2- = products (3.5) 

The decomposition of the nitrite was discussed in chapter 2.1 (pages 

7-8). The initial decomposition of nitrate to nitrite has been well 

established for sodium nitrate (28, 29) and potassium nitrate (61). 

The suggested mechanism is: 

NO3- = NO2- + 0 (3.6) 

NO
3
-+ 0 = NO

2
-+ 0

2 (3.7) 

0 + 0 + M = 02 + M (3.8) 

The initial reaction (3.4) is reversible (28) but the kinetic results 

show that oxygen has no effect on the rate of decomposition when the 

partial pressure of oxygen is approximately 0.2 atm (air). The equi-

librium constants for the reaction, 

KNO3(1) = KNO2(1) + 1/202(g) (3.9) 

was reported by Bartholomew (61) to be: 

log K = ((-27.6 + 1.2)/2.303 RT) + ((24.4 + 1.2)/2.303R) 
(3.10) 

for the temperatures from 550 to 750°C. The kinetics for both decom-

position stages of sodium nitrate were well described by 

1 

E-ln (1 - x)3 3 = kt (3.11) 

where ctis the fraction decomposed at time t (29). The loss of 

weight corresponding to o. = 1 is equivalent to the decomposition 

from sodium nitrate to sodium oxide. The total decomposition of 

nitrate to nitrite occurs at 0,295. The activation parameters used 

to calculate k from the equation, 

k = A exp(-E/RT) (3.12) 
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for the two stages are given in Table 3.2. 

TABLE 3.2 

ACTIVATION PARAMETERS FOR THE THERMAL DECOMPOSITION 
OF SODIUM NITRATE, DETERMINED FROM THE RATE CONSTANT 
k, IN EQUATION 3.11 

Reaction E (Kcal mole-1) log A (min-1) 

NaNO
3 

= NaNO2 . . . + 40.3 7.33 

NaNO
2 

= Na2O + . . . 42.8 7.67 

These kinetic results agree fairly well with those of Freeman 

(28) who calculated the equilibrium constant for the initial decompo-

sition stage at 600°C to be: 
NNaNO3 Ke = 5.88 = N
NaNO2 

(3.13) 

where N is the mole fraction, of the salt in the system. The normal 

working range for the nitrate melts is from 200 to 400°C, depending 

upon their melting points. 

3.2 Chemical and Electrochemical Reactions in Nitrate Melts 

The theoretical and experimental aspects of electrical conductiv-

ity and ion mobilities in molten salts have been the subject of several 

recent and extensive reviews (62 - 64). The electrical conductivity 

of a large number of single salts as a function of temperature has 

been compiled by Janz (2) and Klemm (65). The specific conductance, 

k, is related to the internal mobilities, bi , —by the equation, 
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k = Z.FC.bij.. (3.14) 

where Zi and Ci are the valence and concentration, respectively, of 

the ill ion in the system. The internal mobility, bij, is the rate 

of migration of i with respect to j. The b
+- 

for a pure salt is 

simply given by 

k = Z+FC44_ (3.15) 

The entire topic on ion mobilities in molten salts has been recently 

reviewed by Klemm (66). It has been shown that the internal mobili-

ties are independent of the composition for the silver-sodium nitrate 

(67, 68), silver-potassium nitrate (69) and the sodium nitrate-nitrite 

(70) systems. Bloom et al. (70) concluded that the mobilities will 

be independent of composition, provided there are no intermediate 

phases in the solid state; these results contradict those of Honig 

and Ketelaar (71). Honig and Ketelaar used a paper electrophoresis 

technique with a glass fiber paper and radioactive tracers to study 

the sodium-potassium nitrate system. As the composition of the mix-

ture was varied, the mobility of the nitrate ion remained constant; 

however, the sodium and potassium ions tended to have the same mobil-

ity which changed almost linearly from its value in pure sodium nitrate 

to that in pure potassium nitrate. It must be pointed out that their 

results differed from previous values by a range of 87 to 40%. King 

and Duke (72) found that the specific conductivity of binary nitrate 

mixtures showed only a slight negative deviation from linearity with 

the deviation increasing as the difference between the ion sizes 
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increased. The lithium-potassium nitrate system exhibited a maximum 

deviation of only about 47.; therefore, the mobilities in the nitrate 

systems are independent, to a first approximation, of composition. 

The transference number of an ionic species, ti, with respect to 

a reference point (i.e., a porous plug) is defined as the number of 

equivalents of the species passing the reference ,.oint per faraday of 

charge passed through the cell. The transport number, tl, is related 

to the valencies, Zi, the concentrations, Ci, and the mobilities, bi, 

of each ionic species, i, in the system by the equation: 

ZiFCibi ZiFCibi 
t (3.16) 
1 — ZiFCibi

In the case of a uni-univalent salt (+-) the transport number, is 

equal to the ratio of b+ to (b+ + b_). 

The electrolysis of the alkali nitrate melts has been the center 

of considerable controversy for the past several years; however, there 

is general agreement that at a platinum anode the end product is nitro-

gen dioxide and at a graphite anode the end product is carbon dioxide 

(73). The cathodic reaction is complicated by the reduction of either 

the nitrate ion by one of several routes or the metal ion to the metal. 

Bartlett and Johnson (32, 74) have calculated the standard theoretical 

potential for several possible electrolysis reactions in the nitrate 

melt (UN03). 

Anodic reaction: 

NO3- = NO2 + .1g02 + e 

Cathodic reactions: 

NO
3
-+ 2e = NO2- + 02-
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NO3- + 5e = .11N2 + 302- (3.19) 

2NO
3 

+ 8e = N
2
0 + 502- (3.20) 

NO
3
- + 3e = NO + 202- (3.21) 

Me(I) + e = Me (3.22) 

Overall reactions: 

3MeNO3 = MeNO2 + Me2O + 2NO2 + 02 (3.23) 

6M6NO3 = kN2 + 3Me20 + 5NO2 + 5/202 (3.24) 

10MeNO3 = N20 + 5Me20 + 8NO2 + 402 (3.25) 

4MeNO3 = NO + 2Me20 + 3NO2 + 3/202 (3.26) 

MeNO
3 

= Me + NO2 + z02 (3.27) 

The calculated E° values for reactions 3.23 and 3.24 are almost 

identical and only slightly more positive than those for 3.25 and 3.26. 

The E° for reaction 3.27 is considerably more negative than any of the 

other values. For sodium nitrate at 227°C the E° values for the decom-

position reactions 3.23 to 3.27 are -2.27, -2.22, -2.42, -2.66 and 

-3.74 volts, respectively. The AG° for the reaction: 
5Na + NaNO3 = 3Na20 + ZN2 (3.28) 

can be calculated by combining reactions 3.24 and 3.27. The Z G600 
for the reaction was found to be -173.7 kcal mole- and this large 

negative value would suggest that the potential of the sodium elec-

trode measured by Arvia et al. (75) is questionable. The large ,Q G° 

would also explain the sparks observed at the cathode during electrol-

ysis at high current densities. 
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The first workers to enquire closely into the cathodic reduction 

of nitrate melts were Hills and Johnson (76) and they found that the 

nitrate ion in sodium-potassium nitrate was reduced in two stages. 

Current-voltage curves, derived from a system using a platinum micro-

electrode and a large platinum foil reference electrode, exhibited two 

cathodic peaks. At about -1.4 volts the current rose to a peak and 

then fell back to give a high residual current until the final peak 

was reached, which occurred at a potential of about -3.0 volts. The 

high residual current was temperature-dependent and had an activation 

energy of about 11 kcal mole-1, which indicated that the process occur-

ring was not diffusion controlled. Swofford and Laitinen (39) con-

tinued this work and obtained similarly shaped voltammetric curves in 

the sodium potassium nitrate eutectic at 250°C. There was a slight 

shift in the potentials due to the change of reference electrodes from 

a platinum foil to an 0.07 molar silver(I)/silver electrode. A small 

pre-peak at -0.9 volts was completely removed when the melt was purged 

with nitrogen. The peak was attributed to the presence of a contami-

nant such as water, which is appreciably soluble in nitrate melts (56, 

77). The peak and after-peak currents were not substantially affected, 

thus the reduction process of the contaminant appears to be blocked by 

the onset of the peak process. The activation energy of 11 kcal mole-1

was confirmed and is approximately three times that expected for any 

diffusion process. Since stirring of the melt also had little effect, 

it was concluded that reduction of the nitrate is a kinetic or surface-

controlled process. 
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Oxide and nitrite were quantitatively identified as the products 

of the controlled potential reduction of nitrate. A precipitate, 

which formed on the platinum electrode during the electrolysis and 

dissolved in the melt on an open circuit, was shown to be sodium oxide 

since sodium and potassium nitrites are soluble in all proportions in 

the nitrate melt. The authors found it was possible to precipitate 

sodium oxide from pure potassium nitrate saturated with calcium oxide 

by adding a small amount of sodium nitrate. The absence of the first 

peak in pure potassium nitrate and its appearance when as little as 

10% sodium nitrate by weight was added provides additional evidence 

for the sodium oxide film. From the current-voltage curves run on 

various solid micro-electrodes which had basically the same profile 

as that for the platinum electrode, Swofford and Laitinen concluded 

that the peak and after-peak current were dependent upon the proper-

ties of the bulk melt and were not due to the reduction of surface 

oxide films. 

Swofford and Laitinen also carried out some chronopotentiometric 

studies on this eutectic. They found that the sodium oxide slowly 

dissolved into the melt and that the quantity of oxide which accumu-

lated on the micro-electrode was directly dependent upon the current 

density. 

These workers observed that when the cathode was maintained at 

-2.8 volts, a blue liquid was formed; this liquid then decomposed to 

give a colorless, odorless gas. On the basis of these observations 

they postulated that a meta-stable solution of alkali metal was formed 
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which subsequently reacted with the nitrate to form nitrogen and 

oxide. 

Bartlett and Johnson (32) confirmed the previous work on the 

reduction of nitrate except they found that only 94% of the current 

passed through the system was accounted for by the amount of nitrite 

and oxide generated at the first peak voltage. This indicated that 

other processes must also have occurred at or before the peak poten-

tial. Some of the suggested products formed by these processes were 

nitrogen, nitrous oxide and nitric oxide. There was only a final 

decomposition wave in potassium nitrate at about -1.6 volts versus a 

1.0 molal silver(I)/silver reference electrode which is approximately 

the same value as the peak potential in sodium nitrate. The melt in 

the cathode compartment turned green and small amount of gas was 

evolved. Neither red catholytes nor sparks were observed in the pure 

potassium nitrate melts although this phenomena was present in sodium 

nitrate melts. This was attributed to the absence of high concentra-

tions of alkali metal oxide on the electrode since potassium oxide is 

soluble in the melt (39). Analysis of the cathode compartments in 

potassium nitrate showed that the efficiency of the electrical reduc-

tion process appeared to be 111% for platinum cathodes and 152% for 

silver cathodes. Since it is, of course, impossible to have an elec-

tro-reduction process with an efficiency greater than 100%, it was 

proposed that an electrochemical process in which the electrode metal 

is oxidized must have occurred simultaneously with the cathodic reac-

tion. Bartlett and Johnson found that both silver and platinum were 
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oxidized during the electrolysis process, and therefore suggested that 

nitric oxide was formed during the reduction process which then reac-

ted with the platinum to form the green platinum nitrosyl type complex 

which resembles those in the aqueous system. 

In a polarographic study of alkali nitrate eutectics by Hills and 

Power (78), further support has been given to the postulation of the 

reduction of alkali nitrates by the process 

NO3-+ 2e = NO2- + 02 (3.29) 

The results of Arvia et al. (75) are in complete disagreement with all 

the results previously discussed. They maintain that the electrolysis 

of sodium nitrate produces liquid sodium at the cathode and gaseous 

nitrogen dioxide and oxygen at the anode. By means of a cell designed 

specifically to collect and make electrical contact with the sodium 

floating on top of the melt, Arvia claims to have developed reversible 

sodium(I)/sodium and NO3 /NO2, 02/Pt electrodes by electrolysis. The 

measured potential of the sodium nitrate formation cell agrees with 

those calculated from thermodynamic data; however, it must be pointed 

out that the sodium metal will reduce the melt at these experimental 

temperatures (cf. equation 3.28, page 26). The assumption that the 

NO3-/NO2' 02/Pt electrode is feasible and reversible has been substan-

tiated by other workers and will be discussed more fully in chapter 

3.6 (page 67). 

The kinetics of the oxidation of nitrate ions in silver nitrate 

and alkali nitrate has been investigated by Gupta and Sundheim (79) 

and Arvia and co-workers (73, 80, 81), respectively. Gupta and Sund-

heim measured the potential at 238.6°C as a function of the current 
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density of both a stationary and a rotating platinum electrode versus 

a silver electrode in purified silver nitrate. It was found that 

there are two distinct regions: the first occurs at low current den-

sities ( — 10 mA/cm2) with a potential below +0.5 volts and the second 

at high current densities ( z•-: 100 mA/cm2) with a potential near +0.95 

volts. Rotation of the platinum electrode substantially decreased the 

over-voltage,7t, at a constant current density for the first region 

but had very little effect upon the second; this indicated that the 

process in the first region was diffusion controlled, whereas that in 

the second was independent of transport. The slopes of Tafel plots 

indicated that the process in the first region was a two electron pro-

cess and Gupta and Sundheim concluded that this was the discharge of 

oxide ions. However, the total products of electrolysis at both low 

and high current densities were nitrogen dioxide and oxygen in a 2:1 

ratio. At the higher current densities these workers obtained a lin-

ear Tafel plot and suggested that tha nitrate ion is oxidized to a 

short-lived intermediate species which rapidly and irreversibly decom-

poses. For the lower current density region it was postulated that 

the electrode reaction involves the preliminary dissociation of the 

nitrate ion to form the nitryl ion, N09+, and the oxide ion, 02-, 

NO
3
- = NO2  + 02-

followed by the reactions: 

02- = 0 + 2e 

0 4- 0 = 02 
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NO2+ + NO3 = EN205 = 2NO2 
2 

+ 3-0 2 (3.33) 
If the last reaction (3.33) is not too rapid, depletion of the 

electroactive species, 02-, from the vicinity of the electrode would 
produce a concentration polarization effect. The addition of pyro-

sulfate ion will reduce the oxide concentration by an acid -base reac-

tion and increase the overpotential at a constant current density, 

S2072- + NO3- = NO2 + 2S042- 

NO2+ + 02- = NO3-

(3.34) 

(3.35) 

A substantial increase in the overpotential was observed for succes-

sive additions of sodium pyrosulfate. 

Triaca and Arvia (80, 81) studied the influence of temperature 

on the anodic processes in silver nitrate and silver nitrate dissolved 

in 1:1 sodium-potassium nitrate mixture. They found that there were 

two distinctive temperature regions, the low temperature region from 

220°C to 290°C and the high from 350°C to 470°C. The use of over-

voltage versus log current density and the decay of overvoltage versus 

time curves showed that there were two distinct processes occurring in 

the low temperature region, one at low current densities and the other 

at high current densities. Triaca and Arvia claim that the low activ-

ity of the oxide ion in the low temperature region would prevent its 

discharge at the anode as suggested by Gupta and Sundheim. Their 

estimate for the oxide activity was obtained from Kust's and Duke's 

(82) equilibrium constant, K
eq
, for the dissociation of the nitrate 

ion (reaction 3.30). 
K
eq 

= EN0
2
+3E023 
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However, this determination was based on the reversibility of the 

0
2-
/0
2
/Pt electrode which has been the subject of much controversy 

(cf. page 35). There is a factor of 1022 between the value of K
eq 

that Kust and Duke (82) obtained at 250°C and that which Gupta and 

Sundheim obtained at 238°C. 

Triaca and Arvia proposed the following mechanism, which involves 

adsorbed nitrate radicals and oxygen atoms, to account or all the 

facts: 

NO
3
- + Pt = (NO

3
)Pt + e (3.37) 

(NO3)Pt = (0)Pt + NO2 (3.38) 

(0)Pt + (0)Pt = 02 + 2Pt (3.39) 

NO3- + (0)Pt = 02 + NO2 + Pt + e (3.40) 

At high temperatures the oxide activity increases so that the dis-

charge of oxide becomes feasible and the proposed mechanism for the 

oxidation of nitrate ion changes to: 

NO3- = 02- + NO2+ (3.41) 

02- + Pt = (0)Pt + 2e (3.42) 

(0)Pt + (0)Pt = 02 + 2Pt (3.43) 

NO3  + (0)Pt = 02 + NO2 + Pt + e (3.44) 

NO3- + NO21- = 2NO2 + 202 (3.45) 

It should be pointed out that if the rate constant for equation 

3.45 is small, the NO21- concentration will build up, shift the equi-

librium (3.41) to the left and prevent the supply of oxide for the 

cathodic reduction. The combining of equations 3.41 and 3.45 gives 
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the overall reaction 

2NO3- = 02- + 2NO2 + X02 (3.46) 

Since sodium oxide (39) and silver oxIde (83) are insoluble or only 

slightly soluble in nitrate melts, this means that it would be impos-

sible to obtain a pure sodium or silver nitrate melt; this is contrary 

to the facts. Gupta and Sundheim have shown that the anodic process 

occurring at low temperatures and low current densities is subject to 

transport control. As Triaca and Arvia's results were obtained with 

stationary electrodes, their interpretation is suspect. Polarographic 

studies (78) have confirmed that the overall oxidation products of 

nitrate are nitrogen dioxide and oxygen; however, there was no evidence 

for the presence of the nitryl ion. 

Arvia and Triaca (73) have examined the kinetics of the oxidation 

of nitrates on graphite electrodes to help establish the dependence of 

the reaction mechanism on the electrode material. They studied only 

the low temperature region (23o to 320°C) of the reaction in silver 

nitrate and silver nitrate dissolved in a 1:1 sodium-potassium mix-

ture. The experimental techniques used on the platinum anode (81) 

were utilized to obtain the following overall reaction and proposed 

mechanism: 

NO3  + C (NO3)C e 

(NO3)C (0)C + NO
2 

(0)C + NO3  -> NO2 + CO2 + e 

C + 2NO3 2NO2 + CO2 + 2e 
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The reaction involves the oxidation of the graphite electrode and 

consequently attention must be paid to the chemical oxidation of 

graphite by the nitrate ion. At high overvoltage a high degree of 

oxidation caused by the NO3 intermediate is achieved, and the rate-

dtermining step of the anodic reaction becomes equation 3.49. The 

analysis of the graphite kinetics was based on the past kinetics on 

platinum (81), which have been questioned, plus the correction for 

several additional side reactions. 

The electrochemistry of oxide and nitryl ions has been the sub-

ject of a great deal of controversy in the literature. Kust and Duke 

(82) determined potentiometrically the dissociation constant (equation 

3.36) for the dissociation of the nitrate ion (equation 3.30) in a 1:1 

sodium-potassium nitrate solvent. The nitryl ion concentration was 

varied by adding the pyrosulfate ion to the nitrate solvent according 

to the reaction 

S2072- + NO3- = 2S042- + NO2 (3.51) 

Oxide ion was introduced into the solvent by electrically reducing 

oxygen gas at a platinized platinum electrode. An oxygen electrode 

was set up by bubbling oxygen gas over a platinum flag and it was 

found to be reversible to the oxide concentration and the partial 

pressure of oxygen gas. With the aid of this electrode, they deter-

mined the value of the dissociation constant. The value of Keq in-

creased steadily with time; at 300°C it increased by a factor of five 

in 32 minutes. The values for K
eq 

were extrapolated back to zero time 

and the numerical values were 

K
eq
(250°C) = (2.7 + 0.3) x 10-26 

M2 
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K
eq
(300°C) = (5.7 + 0.1) x 10-24 112 (3.53) 

Gupta and Sundheim (79) reported a value of 1.4 x 10-4 M2 for the 

same dissociation equilibrium constant. Two factors may have con-

tributed to this large discrepancy: first, Gupta and Sundheim assumed 

that all of the pyrosulfate in equation 3.51 reacted at once with the 

nitrate ions to produce NO2 in equivalent proportions, whereas the 

other workers used an equilibrium constant .i:oL the reaction which had 

been previously measured by Duke and Yamamato (84); secondly, Kust and 

Duke based their determination on an 02-/02/Pt electrode in an equi-

molar sodium-i:otassium nitrate melt while Gupta and Sundheim based 

their value on the change in overpotential at constant current density 

when pyrosulfate was added to the silver nitrate melt. In a later 

paper Kust (85) reported that the standard emf of the oxygen electrode 

was a function of the sodium-potassium ratio. He found that the poten-

tial of the cell 

Pt/02/XNa(I),(1-X)K(I), NO3 , 02 //Ag(I)
(1.0 m)' 

(Na,K)NO3/Ag 

(3.54) 

was given by 

E°(T, XNa) = C:0.6730 - 0.000130(T - 290°C) :1 

- C:0.0830 + 0.000275(T - 290°C):] Xxa

(3.55) 

This represents a decrease of approximately 80 millivolts in E° when 

going from pure potassium nitrate to pure sodium nitrate at 290°C. 

Kust concluded that the activity of the oxide ion was lower in the 

sodium nitrate than in the potassium nitrate due to solvation effects. 
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The activity coefficient for the oxide ion would have to change by 

about a factor of 5.2 to account for an 80 millivolt change, or the 

change may be due to the low solubility of oxide in sodium nitrate. 

The calculations in chapter 7.1 (page 111) show that the change in 

solvent from potassium nitrate to sodium nitrate at 300°C results in 

an increase of about 29 millivolts in the liquid junction potential; 

thus, the corrected (EK(1) , 
'
Na(I)) becomes approximately 110 milli-

volts. 

The electrochemical behavior of the oxide ion in sodium nitrate-

potassium nitrate eutectic melt at 250°C has been examined by Swofford 

and McCormick (38). They reviewed the previous methods for adding 

oxide to the melt and proposed oxalate as a desirable species for the 

production of oxide in the melt in a concentration range suitable for 

electrochemical study. A voltammetric wave was observed in the melt 

and was attributed to the oxidation of the oxide ion since the limit-

ing current was linear with the amount of oxalate added or the number 

of coulombs used in the reduction of the nitrate ion. Wave analysis 

using a plot of E versus log E:igid - i) J gave a slope of 0.12 

which indicated a one electron reversible reaction instead of the 

expected two electron change. This phenomenon has been reported by 

several other workers (86, 87). The half wave potential was +0.024 

volts versus a u.0/ molar silver(I)/silver reference electrode. These 

workers failed in their attempt to reduce oxygen electrically on a 

platinum electrode as reported by Kust and Duke (82). They found that 

the current due to the oxidation of oxide remained linear with the 
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constant current generation regardless of whether or not oxygen gas 

was bubbled over the electrode surface. They concluded that it is 

the melt itself and not the oxygen that was being reduced to produce 

oxide ion. This casts considerable doubt on the oxygen electrode due 

to the apparent electrochemical inactivity of the oxygen gas. 

Voltammetric and chronopotentiometric measurements have been 

made on solutions of acids 
(S2022-' 

HSO4-, NO2) and bases (02-, NO, 

C032-, 02-, OH-, 022-) in equimolar sodium-potassium nitrate melts 

at 275 to 350°C (40). These measurements failed to establish the 

presence of the nitryl ion in acidic nitrate melts but found a species 

chemically and electrochemically similar to dissolved nitrogen dioxide. 

This species was reduced in a one electron process to nitrite, but 

could not be oxidized. These electrochemical techniques had previously 

been successfully used in the study of NO
+ 

and NO2+ in concentrated 

sulfuric acid 

no evidence to 

(41, 78) which 

(89). 

McCormick 

(88). Other independent studies on nitrate melts found 

support the existence of the nitryl ion in nitrate melts 

are at variance with the results of still other workers 

and Swofford (37) used chronopotentiometry and coulo-

metric analysis to verify that the oxidation of oxide to oxygen is a 

one electron process (87, 90, 91) and not a two electron process (82, 

92). They proposed that the anodic oxidation of oxide was to a per-

oxide which subsequently slowly decomposed chemically to give oxygen 

and oxide. 

202- = 0
2
2- + 2e 
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02- = 02- + 
2 202 

net reaction: 

0
2- 

= 202 + 2e 

(3.57) 

In reaction 3.56 there is a one electron change per mole of oxide. 

These equations explain the seeming "reversibility" of the "oxygen 

electrode," since the response to the oxide concentration is due to 

equation 3.56, and the response to the oxygen gas is due to equation 

3.57. The evolution of gas from the anode in the electrolysis of 

oxide-containing melts begins some 20 to 30 seconds after the current 

starts to flow, indicating that chemical reaction 3.57 is slow and 

requires a build-up of peroxide before it can begin. Further support 

was provided when sodium peroxide was added to the nitrate melt; gas 

slowly evolved and analyses after the reaction was complete showed a 

stoichiometric increase in the amount of oxide in the melt. 

The concept of peroxides has been used by Zambonin and Jordan 

(93) to explain the properties of the oxide ion in fused nitrates. 

They claim that the oxide does not exist in any appreciable concentra-

tion in molten nitrates due to its conversion to peroxide (022-) and 

superoxide (02-). 

NO3- + 02- = NO + 022- ,, (3.58) 

022- + 2NO3- = 2NO2-+ 202- (3.59) 

202- = 022- + 02 (3.60) 

From voltammetric curves using a Levich rotated platinum disk electrode 

and a 0.07 molal silver(I)/silver reference electrode, the..y. observed 
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the following reactions at the respective potentials: 

NO2 = NO2 + e +0.5 volts (3.61) 

02 = 02 + e -0.7 volts (3.62) 

02
2- = 02 + e -1.3 volts (3.63) 

The equilibrium constants for the reactions 3.58 through 3.60 at 

229°C in an equimolar sodium-potassium nitrate solvent were evaluated 

to be approximately 3, 6.7 + 0.5 x 10
-11 

and 3.5 + 1 x 10
-6, 

respectively. 

Zambonin and Jordan claim that the oxygen electrode is based on the 

02-02- redox couple and not the 02-02- redox couple as previously pre-

sumed, indicating that the electrochemistry of oxides in nitrate melts 

may require reevaluation. Part of the work by Shams El Din and Hosary 

(94) does not conform to equation 3.59 in that they claim pyronitrate 

is formed by the reaction 

2NO3 + 0
2
2- = N

2
0
7
4- +

2 
(3.64) 

The reaction was found to be zero-order with respect to peroxide ion 

and has an activation energy of approximately 6.17 kcal mole-1. 

3.3 Electrodes and Electrode Potentials 

The silver electrode, Ag(I) + e = Ag, has been used extensively 

in molten nitrates as a reference electrode. Many types of nitrate 

solvent have been used: silver nitrate (95, 96), alkali nitrates 

such as sodium nitrate (32, 97), eutectic nitrate mixtures such as 

sodium-potassium nitrate (38, 39), 50:50 mixtures, sodium-potassium 

nitrate (40) and ternary alkali nitrate eutectic (98). The silver(i) 
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ion was introduced into the melt by either adding silver nitrate 

directly (97, 99, 100) or by anodizing a silver electrode, a process 

which has been shown to be 100% current efficient (39, 99, 100). The 

emfs of silver nitrate concentration cells exhibit ideal Nernst behav-

ior up to 0.5 mole percent in sodium-potassium nitrate eutectic (101, 

102) and in sodium nitrate (99). 

Glass frits (103), thin capillaries (104) and asbestos threads 

(101) have been used to separate the reference electrode nitrate melt 

from the nitrate melt under investigation. Hill and Blander (105) 

and Denning (106) reported difficulties in the construction and use 

of the asbestos thread junction. A stable reproducible electrode 

enclosed in Pyrex glass has been used successfully by several workers 

(107, 108). They claim that only the sodium ions are mobile in the 

glass membrane and the liquid junction potential across the membrane 

is negligible; thus the emf depends only on the difference of silver 

ion concentration on each side of the glass. 

The solubility of silver oxide was determined by the use of 

potentiometric measurements by Shams El Din et al. (83). They found 

that the Ks in equimolar sodium-potassium nitrate was about 1000 times 

larger than the Ks in potassium nitrate (Ks = 2.70 x 10-16 mole3 kg-3) 

at 350°C. They attributed the difference to the greater acidity of 

the sodium melt than the corresponding potassium melt. They did not 

consider the relative solubilities of the alkali oxides and they added 

oxide in the form of sodium peroxide. The corrosion of silver in 

various nitrate melts has been examined (98): its higher corrosion 
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rate in lithium nitrate at 325°C (21.5 mg cm-2 day-1) than in equi-

molar sodium-potassium nitrate (0.001 mg cm-2 day-1) was attributed 

to the higher acidic character of the lithium ion. 

Hill, Hills, Young and Bockris (109) studied the silver(I)/silver 

couple in fused alkali nitrate anl fused alkali chloride. Their exper-

imental results were poor and the calculated values of exchange current,

dc”ble layer capacities and diffusion coefficients are suspect. Hills 

and Johnson (76) used impedance measurements and concluded from the 

presence of a pseudo capacity peak for the silver(I)/silver couple 

that it was reversible in fused nitrates. Inman et al. (110) applied 

the single-pulse galvanostatic method to the silver-silver nitrate 

system in a fused sodium-potassium nitrate melt. They evaluated the 

exchange current density, it), as 1.5 A cm-2 at a current density of 

3.23 mA cm-2 and a temperature of 250°C. Observations of transients 

in the nanosecond range were made to evaluate cell resistance (R . 

2.96A), double layer capacitance (approximately 120,ALF cm-2) and 

diffusion coefficients. As there are few direct measurements of 

double-layer capacitance in melts, the nature of the double layer is 

still relatively unknown. With the aid of s dropping mercury elec-

trode, Randles and White (111) established double-layer capacitance 

curves in fused lithium-potassium nitrate and ternary alkali nitrate 

mixtures. The curves were relatively flat and the values ranged 

between 20 and 50.„44.,F cm-2, which were remarkably close to those 

found in aqueous solutions. Several other workers (112 - 115) have 

reported values for the double layer capacitance on various electrode 
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materials. 

The strong oxidizing power of molten nitrates severely limits 

the number of metal metal ion electrode systems that can be used in 

this solvent. Narayan and Inman (116) found that cobalt is rapidly 

oxidized by the melt, whereas nickel is attacked much more slowly. 

These results and others (32) are consistent with thermodynamic cal-

culations (74) which show that most of the common structural metals 

would be oxidized by the melt. The mercury oxide line on the Elling-

ham diagram lies above the nitrate redox lines and hence it was expec-

ted that mercury would not be oxidized by the nitrate melt. The use 

of a dropping mercury electrode in a fused nitrate solvent at 250°C 

(39) verifies Lhis expecLaLion. At higher temperatures Lhe mercury 

is oxidized, but this may be due to the attack of oxygen evolved from 

the thermal decomposition of the melt. 

Arvia and co-workers have published results based on the forma-

tion of a reversible alkali ion-alkali metal electrode during the 

electrolysis of the nitrate melt (75, 95, 117). They claimed that 

the cathodic and anodic reactions in the electrolysis of sodium nitrate 

are 

Na(I) + e = Na (3.65) 

and 

NO3 = NO2 2 + 2 + e (3.66) 

respectively, and that the electrolysis products create a sodium 

nitrate formation cell: 

Pt /Na/NaNO3/NO2, 02/Pt (3.67) 
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Na + NO2 
2 

+ 0
2 = NaNO3 (3.68) 

Their experimental results for the first three alkali metal nitrates 

and silver nitrate (96) agree very well with the values calculated 

from thermodynamic data. Their reduction process to produce liquid 

sodium in the nitrate melt is in direct contradiction with the results 

of several other workers (chapter 3.2, page 23). They claimed that 

water impurities in the nitrate melts prevented other workers from 

duplicating their measurements. 

The existence of gas electrodes in the nitrate melts has been 

reported by several workers. The oxygen electrode has already been 

discussed in chapter 3.2 (page 23) and the discussion of the nitrogen 

dioxide-oxygen electrode will be discussed in chapter 3.6 (page 67). 

3.4 Activities and Thermodynamics of the Silver Ion in Alkali 

Nitrate Melts 

It is well known that the change in Gibbs free energy, AG for 

a chemical reaction, aA + bB + . . = 1L + mM + . . ., at a given 

temperature T is given by 

1 m 

AG° + RT In aL *aM 
a b 

aA •aB • . . 

• • • 

(3.69) 

The A G° term represents the change in free energy if all the species 
are in a defined standard state and the logarithm term, containing the 

activity, ai, of each ion in the system, compensates for the difference 

between the actual state and the defined standard state for the system. 
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If the reaction takes place in a reversible electrochemical cell with 

the passage of n faradays per mole of reaction, then 

G nFE (3.70) 

and 
1 n 

RT 
E = Eo - — ln aL •aM 

nF a b 
a
A 
.a
B 

• • 

• • 

(3.71) 

where E is the potential of the cell. The activity of the 1.01. species, 

a., is related to some physical concentration scale, C by 

ai = 7 C1 (3.72) 

where r i is the activity coefficient. The values used for the stan-

dard electrode potential, E°, and the activity coefficient depend 

directly on the choice of standard states &nd concentration scales. 

The thermodynamic meaning and implications of each of these choices 

has been the subject of many papers and reviews (1, 11, 13, 14, 64, 

118-120). Normally, the standard state chosen will be based upon 

either Raoult's law or Henry's law, depending upon the system. The 

pure liquid is the most convenient standard state to use when dealing 

with mixtures over a large composition range and the normal concentra-

tion unit associated with this choice is the mole or ion fraction 

(N or X). When working in dilute solutions it is normal to choose 

the hypothetical state with unit concentration (Ci = 1) and unit act-

ivity coefficient ( = 1). Mathematically, the standard state is 

defined by ri 1 as Ci —> 0, the limiting dilution law. The 

molal, m, or the molar, M, concentration scales are usually used with 
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this definition of a standard state. The standard state for solids 

and gases is the normal state in which the gas at one atmosphere and 

the pure solid exist at the given temperature of the system. The 

standard states and concentration scales used in molten salts along 

with the application of Henry's and Raoult's laws in the derivation 

of thermodynamic relationships used in molten salts were only briefly 

discussed here since they are discussed at length in chapter 7.1 (page 

111). 

Several models have been chosen as a means of simplifying and 

predicting the thermodynamic properties of the system. The ideal 

solution is based on Raoult's law which assumes that there is complete 

random orientation in the solution. The heal of mixing is assumed to 

be zero. The thermodynamic values for the activity, ai, the partial 

molar free energy, G1, i.e., the chemical potential, and the entropy, 

Si, for a species i in an ideal system in which its mole fraction is 

Ni are given by: 

a.1 = Ni (3.73) 

Gi = GI + RT In Ni (3.74) 

S. 
1 

= S. 
1 
+ R in N. 

1 
(3.75) 

A regular solution (121) s defined as a solution involving no entropy 

change when a small amoun of one of its components is transferred to 

it from an ideal solution of the same composition, the total volume 

remaining unchanged. This implies that the species are still com-

pletely orientated; however, the restriction on the heat of mixing 
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and the relationship ai = Ni is nullified. The excess free energy, 

G, which results from the transfer of one mole i from an ideal 

solution is given by 

Therefore, 

Q GE 
. = 

- GG Reg. Ideal 
. . = RT in 

i I i 

a. 

Ni 
= RT ln 1. (3.76) 

s. = 0 (3.77) 

A ll-m.
L-1 1 

G. = RT ln (3.78) 

—M 
where LA ILis the partial molar heat of mixing for component i in 

the given solution at a given temperature. The calorimetric experi-

ments on heats of mixing by Kleppa et al. (122) gave molar heats of 

mixing for binary systems which could be fit semi-empirically by the 

equation 

= Ea + 2(b + c )N1 
2 3cN2 —1 N
2 1 

(3.79) 

where a, b and c are constants. For small values of N1 the equation 

reduces to 

wN2 - N1)2 = RT ln 
1  1 

(3.80) 

where W is called a work constant and is approximately equal to the 

value of "a". The total heat of mixing,/ HM, is given by 

A HM = (a + bN1 + cli1N2)N1N2 (3.81) 

For binary alkali nitrate melts, Kleppa and co-workers (49, 50, 122) 
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found that the total heat of mixing could be represented to a good 

first approximation by the empirical equation 

HM = -1g1N2 140 52 kcal mole-1

where 

(d1 d2) 
6.— (d1 + d2) 

(3.82) 

(3.83) 

and d1 and d2 are the sums of the radii of the ions + r ) present 

in the two pure salts. The absence of a temperature term in equation 

3.82 indicates that the parameters a, b and c and thus W are tempera-

ture independent to a first approximation. The values for Kleppa's 

parameters have been tabulated (49, 50, 122) for the binary nitrate 

melts and provide a check for the determination of W by other methods. 

In a real system the excess entropy, SE, will not be zero when a 

mole of a component is transferred from an ideal solution to the real 

solution as it was assumed to be for the regular solutions. Kleppa 

and co-workers (122) have suggested that the excess entropy is related 

to the concentrations by 

S
E 

= OGN1N2 (3.84) 

Ketelaar and Dammers-de Klerk (120) used this expression to develop 

an equation to calculate the activity coefficient of a salt in a 

binary system as a function of temperature and concentration. Values 

for OG. were obtained from the relationship 

A M E 

S = 
_, 2 IA 51 + nFE 

1 vu N2 = 
T (3.85) 

where A 1 was obtained from Kleppa's data and the excess emf, EE, 
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was determined from silver nitrate concentration cells. It should be 

noted that in equation 5 of their paper they state nFf
E = G1, which 

is in error and should read itiFEE = G1. This error may have resulted 

from a misuse of sign conventions. The equations used in this text 

have been corrected for the omission of the minus sign. The final 

equation relating to temperature and concentration is as follows: 

RT In 
o

= (a - OCT) + 2(b c)N1 - 3cN21.] N22 (3.86) 

—E 2 
The scatter of points in the plot of S1 versus N2 

to obtain ce, was 

very large; however, the resulting OC values indicated a negative 

excess entropy of the order of 0.1 to 0.2 cal mole-1 °K-1 for equi-

molar mixtures of fused nitrates. This indicates that W would slowly 

increase with temperature since 

W = a -OC. T (3.87) 

Scrosati et al. (123) have reviewed the first and second approxi-

mation equations to activity calculations in molten reciprocal salt 

systems. The reciprocal salt system contains two different cations 

and two different anions (MeiAl + Me2A2). The Temkin activity coef-

ficient (124) for the salt MeiAl, r melA1, is given by 

rMe
l
A
l 

a
MelAl 

(Xme 1 )(XA 1) 
(3.88) 

where X is either the cation or anion fraction. The Temkin ideal 

solution has the same properties as the ideal solution previously 

discussed. Scrosati et al. compared the theoretical values for the 
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sodium fluoride-potassium iodide, sodium fluoride-potassium bromide 

and lithium fluoride-sodium chloride systems with the experimental 

results and foand that it was necessary to correct for several sys-

tematic deviations. This introduces parameters, such as coordination 

number and band energies between the different ions in the melt (par-

ticular to each system) which must be evaluated and included in the 

equations; however, these parameters make the equations difficult to 

use and the equations are not accurate enough to warrant a detailed 

examination of this kind. A model based on the formation of "regular 

solutions" has been developed by Bloom and Welch (125). The theoret-

ical values derived from their model for reciprocal molten salt solu-

tions were shown to agree with the experimental values. However, in 

their calculations two parameters were evaluated from a known system 

and then the same constants were used to evaluate the activities in 

the remaining systems, Similar types of theoretical calculations of 

activity from models have been made by several workers (126 - 128) as 

well as ternary activities from binary activity data (129). 

The activities of a binary system can be obtained from the com-

bination of cryoscopic and calorimetric data (130). The activities 

along the liquid -solid curve in a phase diagram are determined from 

the expanded form of the van't Hoff equation: 

m AH o 1 

TL TM 

11] a T9
In TMln(asolvent) - R R

b ET., TM-1 111(3.89) 
mi 
+ 

c 
— 

2 2 7R 2R 
T
L 

T
M 
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where asolvent is 
the activity of the solvent at the liquidous temper-

ature, TL  , TM is the melting point of the pure solvent and Q  a, Ab 

and c are the differences in the heat capacity for the liquid and 

Ha the solid. The integration constant A H0 is evaluated from the heat 
of fusion equation: 

0 PO)T2
Hf ,T = AH0 a T + 2 (3.90) 

The partial molar heat of mixing, ta l, is added to activity 

at TL to obtain the activity at a temperature T in excess of TL. If 

it is assumed that Aiim is a linear function of temperature 

Q 
HM = A + BT (3.91) 

then using thu Gibbs-Helmholtz equation in the form 

d In a - 
(3.92) 

dT RT2 

the activity of the solvent at any temperature T is given by the 

following: 

ln(asolvent, T) 
A [! 

— = ln(asolvent, TL) R T TL

33- ln T
R TL

(3.93) 

The values for the constants (A and B) in equation 3.91 can be evalu-

ated from calorimetric measurements of the heat of mixing and equations 

3.79 and 3.81, developed by Kleppa and co-workers (122). At concen-
trations beyond the eutectic the solvent and solute exchange roles. 

The other activity in the system is obtained by graphical integration 

of the Gibbs-Duhem equation. 

N1d In al + N2d 1n a2 0 (3.94) 
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The authors estimated the uncertainty in this method to be less than 

1% if graphical integration is not required; otherwise, the uncertainty 

is unknown. 

Murgulescu and Sternberg (131) have reviewed four of the experi-

mental methods for measuring activities in molten salts. The activity 

of a metal salt (MeX) in a mixture containing a common anion (MeX + 

Me'X) is related to the emf of the following formation cells by the 

equation: 

= E° - 112El In aMeX nF 

Me / MeX
(1) 

/ C
'
X
2(g) 

a=1 

(3.95) 

pure formation cell E° (3.96) 

Me/MeX
(1) 

+ Me1X
(1)

/C
'
X
(g) 

dilute formation cell E
l

aMeX 
(3.97) 

This method has the advantage of no liquid junction potential; how-

ever, the formation cells are difficult to set up. It is also assumed 

that the activity of the anion is independent of the cations present 

in the system. A concentration cell with transport is more practical 

to set up in the laboratory but a liquid junction potential (Es) is 

introduced into the calculations. 

Me / MeX // MeX + Me'X / Me (3.98) 

The activity for this cell is related to the measured emf (E2) by the 

equation: 

E2 = 
RT 
— In aMeX + EjnF 

(3.99) 

The liquid junction potential can be calculated from the measured emfs 
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of an identical mixture in cells 3.96 to 3.98 by the equation 

Ej = E2 (E° - El) (3.100) 

It should be noted that Murgulescu and Sternberg (131) have an 

error in sign in their equations (those which correspond to 3.99 and 

3.100 above) which has been corrected in this text. They found that 

the liquid junction potential for many systems was less than one mil-

livolt. Laity's results concur (97) but those of Ketelaar and Dammers-

de Klerk do not (120). The decay of the emf of a formation cell, which 

has been set up by electrolysis, can be followed on an oscilloscope to 

determine the activity of the system. This method is valuable for sys-

tems in which it is difficult to set up formation cells (e.g., potas-

sium bromide plus potassium chloride). The results obtained by the 

oscillographic method compare very well with the results from other 

measurements. 

The cryoscopic method of determining activities is especially use-

ful in the study of alkali halides having a common anion (e.g., lithium 

chloride plus potassium chloride) because the closely similar electrode 

potentials of the two cations preclude a determination by emf measure-

ment. This method also allows the study of melts for which the forma-

tion cell (i.e., the gaseous anion electrode) is difficult to up. 

The activity of a salt has also been determined from the measurement 

of its vapor-pressure over the molten system (132). 

A considerable amount of work has been done on the measurement 

of the activity coefficient of silver nitrate in alkali nitrate mix-

tures utilizing a concentration cell. Most of the workers assumed the 
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liquid junction potential to be zero and fitted their results to the 

equation derived from the theory of regular solutions (3.80). 

(1 -NAgNO3)2W = RT In KgNO 
3 

(3.101) 

The work constant, W, was found by most workers to be a constant for 

mole fractions (NAgm
03
) of silver nitrate below 0.5 and to be inde-

pendent of the temperature. The value of W in the silver-lithium 

nitrate system (133 - 135) ranges from a low of 850 cal mole-1 (136, 

137) to a high value of 1245 cal mole-1 (138). Most of the studies 

in the silver-sodium nitrate system (97, 133, 134, 136, 139, 140) 

agree on a value of 840 cal mole-1 for W. A low of -300 cal mole-1

(141) and a high of -40 cal mole-1 (134) for W has been reported for 

the silver-potassium nitrate system (136, 137). The systems contain-

ing binary mixtures of alkali nitrates and silver nitrate have received 

relatively lees attention. Typical values for W in the eutectic mix-

tures are: 950 for the lithium-sodium nitrate eutectic (127, 133, 

136, 137, 142), 750 for the lithium-potassium nitrate eutectic (127, 

136, 137, 142) and 420 for the sodium-potassium nitrate eutectic (136, 

137, 143). The systems involving the cesium and rubidium nitrate salts 

have received very little attention (120, 137). In Guion's study 

(137) of the activities of silver nitrate in ternary nitrate melts, 

the mole fraction of silver nitrate was kept constant at 0.1 while 

the ratio of the other two alkali cations were varied. He derived 

equations to predict the excess free energy in a ternary system on 

the assumption that it behaved like a regular solution; however, the 
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equations proved to be very difficult to use. The work constant for 

silver nitrate in the lithium-sodium-potassium nitrate eutectic was 

found to be 780 cal mole-1 (136). 

With the aid of a reversible nitrate electrode (95) Ketelaar and 

Dammers-de Klerk (120) set up formation cells to study the activity 

of silver nitrate in each of the five pure alkali melts at 350°C; 

this approach eliminated the liquid junction potential. By combining 

their results with the calorimetric data of Kleppa et al. (122) they 

demonstrated that the excess entropy in the nitrate system was not 

equal to zero, as had been previously assumed for regular solution 

behavior of the melts. The coefficient OC was evaluated for each 

alkali salt and gave the temperature dependence of W at infinite dilu-

tion of silver nitrate from the equation: 

W = a - CA_T (3.102) 

The parameter "a" is from Kleppa's et al. (122) equations for heats 

of mixing (equations 3.79 and 3.81) and the values of "a" and 04- are 

summarized in Table 3.3. 

TABLE 3,3 

COEFFICIENTS a (cal mole-1) AND O.. (cal mole-1 °K-1) 

FOR BINARY NITRATE MIXTURES AT 350°C 

 ,.... 
Solvent a 474... W 300o C W350oC W o 400 C 

(Ag,Li)NO3 + 702 -0.37 + 0.08 914 + 46 933 + 50 951 + 54 

(Ag,Na)NO3 + 677 -0.64 + 0.12 1044 + 69 1076 + 75 1108 + 81 

(Ag,K)NO3 - 303 -0.35 + 0.15 - 102 + 86 - 85 + 94 - 67 + 101 

(Ag,Rb)NO3 - 944 -0.80 + 0.23 - 485 +132 - 445 + 143 -405 + 154 

(Ag,Cs)NO3 (-1396) -0.61 + 0.22 -1046 +126 -1016 + 137 -985 + 148 
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The measurement of the activity of silver in a nitrate melt that con-

tains some halide ion is complicated by the formation of a silver 

halide complex equilibrium 

Ag(I) + X- = AgX (3.103) 

AgX + X = AgX; (3.104) 

(n2)- 
AgXni + X- = 

(n-1)- 
AgXn (3.105) 

The entire field of silver complexes and other metal complexes in 

molten nitrates has been studied by many workers over the past years 

(99, 103, 118, 127, 142, 144-146). They have dealt with equilibrium 

constants, heats of reaction, deviations from various molten salt 

theories, ion size and charge effect, activity coefficients and other 

physical properties of the system. The topic of complexes in the 

nitrate melt may appear to be overworked; however, there are still 

some serious discrepancies in the results of many of the recent stud-

ies. 

3.5 Thermoelectric Cells 

The thermogalvanic cell or non-isothermal cell is defined as a 

galvanic cell in which the temperature is not uniform. A thermoelec-

tric device consists entirely of electronic conductors whose state 

remains unchanged when a current is passed through it. The passage 

of a current through a thermogalvanic cell causes a change in the 

"chemical" state of the system at points where the fraction of the 

total current carried by one ion type varies with position and in 
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particular at the electrodes where the conduction changes from ionic 

to electronic. 

Eastman (147) and Wagner (148) have presented a detailed theory 

of thermocells, and in recent years many workers have effectively used 

irreversible thermodynamics to explain the thermal emf of these cells 

(149 - 153). There are several excellent reviews on thermocells (154 

- 157). Wartanowicz, in a series of papers (158 - 160) has worked 

out the theoretical analysis of a molten salt thermocell as a thermo-

electric generator and compared it with experimental data. He reports 

that the figure of merit, Z, for the fused salt system is lower than 

that for classical semiconductors; however, a great advantage of mol-

ten salts is that their physical parameters are relatively independent 

of the temperature and they can operate over a wide range of tempera-

tures. The use of molten salts in thermoelectric cells appears to be 

promising; however, since available theoretical and experimental results 

are scarce, it is not possible to predict future practical applications. 

Consider the typical cell: 

M
M 

electrolytic 
conductor 

0 

0 

X 

TX
X 

X 

T" 
X 

0 

T 
0 

where the electrodes X are chemically identical and equal. The sign 

convention used for thermal cells is the sign of the emf of the cell 

and the hot electrode are the same. The thermoelectric power, 6 , 
is defined as: 

C ( d El a T")T, T" > T' (3.107) 
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The temperature gradient in the cell causes a concentration gradient 

to be slowly set up (Soret effect). If T" = T' + dT, then the follow-

ing relation holds: 

dE = (d E/ T)dT + ( dNi)dNi (3.108) 

Initially dNi = 0, thus the initial thermoelectric power, Sin' 

is given by: 

Cin = ( a E/ t9 T) = (Seebeck coefficient) (3.109) 

By convention (161), the sign of the Seebeck coefficient is the same 

as that of the hot electrode. The static power, st is given by: 

(3.110) dNi = f(dT) 

dE 
st = d E/ T + ( T

EI Ni)N)(dNi/dT) = (3.111) 

To define the different entropies and heats involved, consider the 

following cell and conditions: 

0 

V' 

L 

V" p"

0 

1. one mole of i crosses the 0-0 line from the left, L, to 

the right, R, by the mechanism responsible for diffusion 

or migration. 

2. The net amount of other species crossing the 0-0 line 

is zero 

3. Z.r\P = 0

4. T = 0 at any point 
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5. The net heat exchange with the surroundings is zero; 

however, there may be a flow of heat between R and L. 

The A S in R equals +st (the partial molar entropy of i). The 

transport of one mole of i by itself may not produce a change of si

but rather some fraction, Si (transported entropy). 

difference the amount of heat flow is: 

Q 

To make up the 

= T(gi - st) (3.113) 

or the reduced heat of transport. The Eastman entropy of transfer, 

Si, is given by: 

(2- iT = Si s- (3.114) 

The Peltier effect was first observed in metallic conductors. 

When a current is passed through a junction between two different 

metals Y/Z there is another heating effect additional to the Joule 

heating. The Joule heating is proportional to the current squared, 

and thus can be distinguished from the Pel'Aer effect (Hu ) which 

represents the amount of heat flow required to keep the temperature 

constant with the passage of F coulombs of current. The change in 

the entropy at the Y/Z junction is given by: 

dS = (Cp/T)dT + ( 3 S/ dP)dP 

and at constant T and P, dS = 0. 

The flow of 1 mole of electrons results in: 

a. The intake of the heat II YZ 

(3.115) 

b. The transport of entropy Se(z) by the electrons in Z 

entering the junction region and Se(Y) leaving via Y 
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IIyz
(3.116) T 

Se(y) 
Se(Z) 

Consider the region BC in the electrolytic cell: 

i 

M A 
M 

0 A+ X- I (3.117) 0 Al 
1 
i 

B C 

where B is a Hittorf reference plane (no net transfer of solvent 

across it). If 

1 = A+ (3.118) 

2 = X- (3.119) 

then ti equivalents of 1 will enter per Faraday and t2 equivalents 

of 2 will leave per Faraday of current passing through the cell. The 

net change of entropy, A S, in region BC is 
As = tisi - t2s2 - si + s, (3.120) 

where -s
1 
+ sA is a result of the electrode reaction: 

e + A+ = A (3.121) 

The transported entropy into the BC region is: 

A S = 1171 - t
2
g
2 
+

e(M) 

and the Peltier heat is given by: 

-T = D S - .A 

-t2(si + s2) - tisi + t2§2 + sA

II = = 
t2(S1 + S2) -S1 - 

Se(m) 
+ s

A 
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When a temperature gradient is applied to a homogeneous mixture 

of two or more components, there is a partial separation due to a 

migration process called thermal diffusion, thermal migration or the 

Soret effect. In a closed system with a constant temperature grad-

ient, a iteady state will be set up between the Soret effect and 

ordinary diffusion (Soret equilibrium). The Soret coefficient, 67--, 

for a two component system is given as: 

(grad In N)st = - Grgrad T (3.126) 

where N = mole fraction, and St refers to the steady state. 0"' 

is usually positive for salts in water (i.e., the salts move to the 

colder end) having a value of approximately 3 x 10-3 deg-1 at 25°C. 

From reversible thermodynamics the following equations can be 

derived for non-ionized solute, 1, 

1 = Q1 = RT2 E:1 + a ln 71// aln N) 3 (3.127) 

where ris the activity coefficient on the molality scale. 

Slightly more complex equations are realized for an ionized 

solute, 12, (12 -› 1)11 + -012). 

T(1)3/. 3. +
2
6
2
) = - I) 2'i 

(i)1 2 AT2 + c.) ln d InN ti--

(3.128) 

(r1-71 r'1)2)4 1)1 + 
1)2) (3.129) 

The emf of a cell in its initial state (uniform molality with a 

temperature gradient of dT/dX) is the sum of: 

a. The nonisothermal part of the metallic circuit 
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aE /dT F(TX) - SSe(M) ka,N

b. Any metal/metal junctions 

c. The electrode/solution interface 

d. The nonisothermal solution 

in 

(3.130) 

(3.131) 

The b and c potentials at the interfaces are identical except 

for a T factor and they can be expressed in terms of partial molar 

entropies of A+, A and the electrons, e, in the metals M and A. 

dE F =dT sA - - se 

For a single component molten salt the total emf is given by: 

prdE)
-‘dT in

(3.132) 

A = 
= E t2(S 1 + 2) - Si - Se(m) + sA 3 (3.133) 

II 
F 6 i = n T (3.134) 

To change to a non-uniform concentration cell only the emf of 

the appropriate cell with transport need be added. If the concentra-

tion changes from N to N dN (Left to Right), the following equation 

holds: 

FdE = 2RT t2 E1+ () it+/ Din N):]Td 1nN 

r- = = + L. t2(sA 1 + s2) - sl - se(m) + :I dT (3.135) 

and at the Soret equilibrium: 
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thus: 

dEst 
dT [: ge(M) sA :] 

=F
 Cst 

F( G in - Cst) = t2(S1 442) 

(3.136) 

(3.137) 

The concentration dependences of the different quantities are 

given by: 

ln N. + s. (3.138) 

0 
wheres. isthestandardvalueonwlefractionscaleands. is the 

deviation from ideality (ionic interaction) 

and similarly 

= =b _/ 
S.Si = - K In N. + Si

 1 1 I. 
(3.139) 

= A°S. + S. AS.  / (3.140) 
1 3. 1 

Q 
''''N
i 

AO " / 
= Qi + Qi (3.141) 

"/ 
P = Co R + - In N. +6 E

 in F 1 in 
(3.142) 

S and Q can not be determined for the individual ions but a reference 

scale can be set up. If the transported entropy of any ion i, Si, 

has been determined, a conventional standard Eastman entropy (147), 

=0 So 
= S. - s cony., can be obtained. s 

cony. 
is the conventional 

1 

standard entropy of i on the standard scale. Two different aqueous 

based scales have been used. (s° = 0 and s° = 0). 
H+ Cl-

The Ein is determined using a "U" cell with its two limbs at 

T1 and T2. The potential of the isothermal cells at Tl and T2 may 

differ by up to 50,44.V; thus, Eastman used a temperature reversal 
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and average emf to eliminate this error. Cila is linear in aqueous 

solutions over a 20°C change. The cost is more difficult than the 

coin to measure because convection must be avoided. A sandwich cell, 

consisting of a frit filled with the electrolyte between two tempera-

ture controlled electrodes, is used for the E st measurements. 

The Peltier heat is measured in a divided calorimeter. An 

electrical heater is used to maintain a constant temperature. Dif-

ferent current densities were used and extrapolated to I = 0 to elim-

inate the Joule heating. 

A derivation of an expression for the potential of a thermocell 

in the general case of an electrolytic solution has been given by 

Holtan et al. (162). In the special case of a one component molten 

salt (e.g., silver nitrate) in which the same forward and reverse 

reactions occur at the two electrodes, their equation reduces to 

F(L) 
dT in 

= -.174NO3 - Se sAg (tNO3)(sAgNO3) (3.143) 

upon the adoption of the definition 

SAgNO3 = (tAg Ag - (tlio 3 -)(Sp3 3-) 
(3.144) 

Equation 3.143 is equivalent to the combination of equation 3.133 and 

3.144 and a rearrangement of terms. The first two terms in 3.143 are 

entropies of transport and the last two are ordinary "thermostatic" 

dE 
entropies. Sundheim and Rosenstreich (163) have measured F(-) and 

dTin

calculated the values for the last three terms to evaluate sAgNO3 in 

equation 3.143 at 225°C, as follows: 
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dE 
r(d7). 

in 
= -7.93 eu (3.145) 

sAg = 13.3 eu (3.146) 

t
NO3—

= 0.635 (3.147) 

sAgNO3
= 49.14 eu (3.148) 

S
e 

= 0.03 eu (3.149) 

SAgNo3 = -9.95 eu (3.150) 

The Peltier heat calculated from the thermoelectric power 
dE 
— is 
dT 

II = - T 
ddT 

II = 4,57 kcal equiv-1 at 305°C 

Sundheim and Resenstreich obtained an average value of 343, .V deg-1

for the Seebeck coefficient, (
dE 

' of silver nitrate from 240°C to 
in 

310°C which agrees with the results of other workers (157, 164 - 167). 

Metz and Seifert (168) pointed out that there is no Soret effect in 

the single salt systems since there is only a single cation present. 

The addition of a second salt permits the Soret effect to operate in 

the system and it then becomes necessary to extrapolate back to time 

zero to obtain the Seebeck coefficient, The emf of the two-component 

cell changes slowly until it reaches a static value (at the Soret 

equilibrium), then the sum of the entropy of transfer for the two 

cations can be calculated using equation 3,137. The Seebeck coeffi-

cient, e ire of the mixture is related to the Seebeck coefficient,U1n, 

of the pure electroactive salt by equation 3.142. The correction 

term, C in, for the non-ideality is eliminated by the use of activities 
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instead of concentrations to give the equation 

c
o sin - in aAg(i) (3.153) 

when the electroactive salt is silver nitrate. Dupuy (166) developed 

the equation 

(No , R 11,11 
C/in 

= 
- F in NAg(I) 1- T.,- in u Aga,

) FT 

(3.154) 

n 
in 
o 

to relate the 6 in in the mixture to the b for the pure silver 

nitrate. The Hi, is the partial heat of mixing and can be derived 
from calorimetric measurements. In an ideal snlution equation 3.154 

reduces to 

Co  Gin - 
in 

NAg(I) F (3.155) 

Typical values for the terms in equation 3.154 for the silver-

lithium nitrate system at 265°C (164, 169) are 

N = 0.2 (3.156) 

6,1Tm = 0.42,401 (3.157) 

= 1.656 (3.158) 

and 

to give 

C in = -45?„44„V deg-1 (3.159) 

Lf in 
= -32 1r deg-1 (3.160) 

The silver-sodium nitrate system has been studied by several workers 

rk0 
in(165, 170, 171) and the reported 6 is -319_,,tvolts degree-1 and the 

average values of 1.5 kcal mole-1 for the heat of transport and -1.2 eu 
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for the entropy of transport is given for the silver(I) ion. 

The Soret coefficient for silver nitrate in all of the alkali 

nitrates has been determined (171) and in each case it is found that 

the silver(I) migrates to the colder portion of the electrochemical 

cell. 

3,6 Gas Electrodes 

The work reported in the literature on gaseous electrodes in 

molten nitrates has been limited to mainly the "oxygen electrode" and 

the nitrate electrode. Kust (85) has recently published a review on 

the oxygen electrode. The oxygen-oxide couple was fully discussed 

previously in this chapter in connection with the electrochemistry of 

oxides in nitrate melts. 

Th..: main reasons for developing a gaseous electrode which is 

reversible to the anion of the melt is to permit the direct measure-

ment of the formation potential of the pure salts and to eliminate 

liquid junction potentials. Arvia and co-workers have reported the 

existence of reversible formation cells for silver nitrate, lithium 

nitrate, sodium nitrate and potaosium nitrate (75, 96, 117, 172). A 

specially designed U-shaped cell was used to trap the products of 

electrolysis at each electrode. A steady cull was rapidly established 

after the electrolysis had ceased. The potentia was quickly reestab-

lished after the two electrodes were momentarily shorted out. The 

bubbling of nitrogen through the melt at the anode was observed to 

cause faster decay in the emf than the bubbling of oxygen (96) which 
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was attributed to the slow removal of the nitrogen dioxide-oxygen 

mixture from around the platinum electrode. Even though their claims 

of an alkali ion-alkali metal electrode have been questioned (cf. chap-

ter 3.3, page 40), their measured formation potentials for the nitrate 

salts were in close agreement over a wide temperature range with the 

theoretical values calculated from thermodynamic data. In a recent 

communication, Lunden (173) reviewed the use of gaseous electrodes in 

molten nitrates and nitrites and criticized much of the work done on 

these melts by Arvia et al. (75, 96, 117, 172). 

Ketelaar and Dammers-de Klerk (174) have developed a reversible 

nitrate electrode consisting of a bristle of platinum wires through 

which a stream of nitrcsen dioxide and oxygen is maintained. The 

brush consisted of about 100 platinum wires (0.3 mm x 100 mm) with an 

overall diameter of about 8 mm sealed in the end of a piece of glass 

tubing. The electrode was adjusted so that the brush just touched 

the melt and through capillary action the melt was drawn up into the 

brush. The gas was dispersed through the wires to make the required 

three-phase contact for the reaction 

NO2 + 1/2.02 + e = NO3- (3.161) 

The study was carried out in pure silver nitrate with a silver refer-

ence electrode. The electrochemical cell is represented by 

Ag / AgNO3 / NO2, 02 / Pt (3.162) 

the overall chemical reaction by 

Ag + NO2 + 1/202 = AgNO3
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and the observed emf by 

E = E° + R2, In P [I P 1/2 (3.164) 
F NO2 021 

The value of E° from this equation compared very well with the calcu-

lated value from thermodynamic data (95, 175-177) from 215°C to 360°C. 

They maintained a constant nitrogen dioxide-oxygen ratio throughout 

all the experiments, thus never really testing the logarithmic part 

of the Nernst equation. The micro-polarization technique was used to 

verify the reversibility of the nitrate electrode. 

Some dissociation of the nitrogen dioxide into nitric oxide and 

oxygen takes place at the temperatures of the nitrate cell. From the 

thermodynamics (75, 175, 178) and the slow second order kinetics (179 - 

181) for the reaction 

k2 
- > N204 = 2NO2  2N0 + 02 (3.165) 

they concluded that the dissociation of the nitrogen dioxide could be 

neglected under the conditions (e.g., of residence time) in their 

experiment. 

The nitrate electrode has been used in dilute solutions of silver 

nitrate in each of the alkali nitrate melts to determine the silver 

activity in each solvent (120). The nitrate electrode was used to 

eliminate the error introduced into the measurements by the assump-

tion made by all previous workers that the liquid junction potential 

was zero in the silver nitrate concentration cells. The liquid junc-

tion potential has been shown to have a non-zero value for several 

systems (63, 182). 
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3.7 Aqueous 1/ ( Ag,T1)NO3  Junction Potential 

Abraham (183) has shown that it is possible to establish a gen-

eral electrochemical scale for both aqueous and fused salt solvents 

if a common reference electrode is selected. He chose the hydrogen 

electrode at 25°C as the common reference electrode. He used the 

following cells to determine the potential of the silver reference 

electrode in the silver-thallium nitrate 

to the hydrogen electrode: 

eutectic at 86°C with respect 

H2 H30+ Ag 

AgNO3 E1 (3.166) 

25°C 25°C

Ag H2O Ag 

AgNO3 E2 (3.167) 

25°C 86°C 

Ag I H2O AgNO3 Ag 

AgNO3 T1NO3 E3 (3.168) 

86°C 85°C 

The overall potential (Ex = El + E2 + E3) for the cell 

112 130+ AgNO3 Ag 
EX 

T1NO3 (3.169) 

25°C 86°C 

represents the difference between the electrode potentials based on 

the silver-silver, thallium nitrate eutectic reference electrode and 

the proposed general electrochemical scale. 

The final electrochemical cell (3.169) was equivalent to a com-

bination of three separate cells, a classical electrochemical cell 
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(3.166), a thermoelectric cell (3.167) and a solvent junction cell 

(3.168). The potential of each cell varied with the concentration 

of silver nitrate; however, the total emf remained constant as shown 

in Table 3.4. 

TABLE 3.4 

MEASURED POTENTIALS OF THE ELECTROCHEMICAL CELLS 3.166-3.168 

Normality 

AgNO3

E1

(mV) 

E2 

(mV) 

E3 
(mV) 

EX 
(mV) 

10-4 561 -71 346 836 

10-3 620 -50 271 841 

10-2 680 -39 196 837 

10
-1 

732 -20 121 833 

The average potential, Ex, for the overall cell (3.169) was 837 mV. 

The mole fraction of silver nitrate in the nitrate eutectic was 0.533. 

Assuming ideal behavior in the eutectic the standard electrode poten-

tial of a hypothetical silver-silver nitrate electrode at 86°C versus 

a Standard Hydrogen Electrode (S.H.E.) at 25°C is given by 

EX 
FT 

0.837 - ln(0.533) (3.170) 

0.837 - 0.0713 log (0.533) 

= 0.837 + 0.019 

= 0.856 volts 

The final potentials Ex and Ex contain a contribution due to the 

liquid junction potential in cell 3.168. 
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Abraham and Hechler (184) continued the work on the aqueous-

nitrate melt solvent junction to obtain definitive information on 

the liquid junction potential in the cell. They studied the follow-

ing two cells at 91.5°C: 

AgNO3 AgNO3

Ag H2O 

HNO3 

AgNO3

T1NO3 

eutectic 

AgNO3

Ag (3.171) 

Ag T1NO3

H2O 

HNO3

T1NO3

eutectic 

Ag (3.172) 

The acid content in the aqueous portion of each cell was adjusted to 

give a pH of 2.8 at 25°C. The acid increased the stability of the 

aqueous portion of the cells. The silver to thallium ratio in the 

second cell (3.172) was kept at the same value as it is in the eutec-

tic. The silver concentration, C, in the aqueous half-cells was varied 

from 10-3 to 10-1 molar and the calculated activity coefficient, 

for the silver ranged from 0.929 to 0.654. The observed emf for both 

cells was given by 

Ea RT
E = Emelt 

- q 
In C E (3.173) 

where Emelt = the 
electrode potential of silver in the eutectic 

E
aq 

= the standard aqueous silver electrode potential 

EJ = liquid junction potential 

The value of A as defined by 

A = E RT In C = E
melt 

- E
oa
q 

E
J 
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was found to be 22.6 + 0.5 mV for both cells (3.171 and 3.172). This 

indicates that Ej must be a constant value and, since there were large 

variations in the composition of the two aqueous half cells, they con-

cluded that the liquid junction potential must be approximately zero 

for the aqueous-nitrate eutectic solvent junction. The measured 

values for the cells in this study were about 25 mV lower than those 

observed in their earlier work (183). This difference may be due in 

part to a temperature increase of 5.5°C and the addition of nitric 

acid to the later cells. Abraham and Hechler studied a similar system 

in which the melt was composed of the nitrate salts of silver, cesium, 

thallium and cadmium (185) and concluded that the liquid junction poten-

tial was zero for this system also. These results would seem to elim-

inate any objection to the bridging of aqueous solution and molten 

salt electrochemistries because of the presence of a liquid junction 

potential. 
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4. PREVIOUS STUDIES ON THE PROPERTIES OF CHLORIDE MELTS 

4.1 Physical and Electrochemical Properties 

The lithium-potassium chloride eutectic (0.59:0.41) has received 

more attention than any of the other chloride melts due to its useful 

electrochemical range of about 3.6 volts (186) and its low melting 

point (352°C); the melting points of the pure alkali chlorides range 

from 610°C for lithium chloride to 801°C for sodium chloride. The 

conductivity, density, viscosity, vapor pressure and other physical 

properties of the pure metal chlorides and some mixtures of metal 

chlorides have recently been tabulated by Janz (2). Flengas and Ingra-

ham (187) used the equimolar sodium-potassium chloride mixture (m.p. 

658°C) as a solvent in the temperature range of 650°C to 900°C to 

evaluate the electrode potential and activity of fourteen different 

metals. The electrochemistry of individual metals in the various 

chloride melts has been included in many of the recent reviews (7, 10, 

11, 14, 15, 18). 

One of the main disadvantages of the lithium-potassium chloride 

eutectic is the hygroscopic nature of the lithium ion. There are two 

basic methods for the purification of the chloride eutectic: one 

utilizes hydrogen chloride gas (186, 188) and the other uses chlorine 

gas (189). If the moisture is not removed, hydrolysis occurs upon 
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fusion by the reactions: 

Cr+ H2O = HC1 + OH- (4.1) 

2C1 + H
2 

= 2HC1 + 0
2 (4.2) 

The hydrolysis products precipitate metal ions, a' ack glass and the 

hydroxide ion is more readily reduced than the -?ka- 5. metals accord-

ing to the equation: 

OH- + e- = 2 02- (4.3) 

In the hydrogen chloride method (186) the mixed salts are pre-

dried at 300°C under vacuum for several hours to eliminate most of the 

water before fusion occurs. Hydrogen chloride is then bubbled through 

the melt at 500°C to shift the hydrolysis reaction (4.1) far to the 

left; this step is then followed by further evacuation to volatilize 

the water. The last traces of hydrogen chloride are removed from the 

melt by a three-hour period under a high vacuum. In more recent work 

Laitinen et al. (188) have modified this method by the addition of 

magnesium metal to the final melt to displace any heavy metals, fol-

lowed by filtration through a sintered glass frit to remove arty metal 

precipitates or carbonaceous materials from the melt. The final melt 

was sealed in glass ampules and stored until needed. 

The chlorine treatment (189) utilizes the same apparatus as the 

previous method, except that chlorine gas is used instead of hydrogen 

chloride gas. There is no need for predrying in this method and the 

hydroxide ions formed by hydrolysis are removed by the reaction 

20H- + 2C1
2 

= 0
2 
+ 2HC1 + 2C1 (4.4) 
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According to Maricle and Hume (189), the oxygen, hydrogen chloride and 

excess chlorine are completely removed by a forty-minute purge with 

argon gas. 

The purity for both methods was checked by running a polarogram 

with a micro platinum or tungsten indicator electrode and a large 

platinum reference electrode. The wave produced by hydroxide occurs 

at approximately -1.6 volts versus the platinum reference electrode 

while those of hydrogen chloride and the alkali metal occur at approxi-

mately -0.5 to -1.5 and -2.6 volts, respectively (186). Recently, 

MacKenzie (190) has critically reviewed the chloride purification 

techniques and the various methods used to remove metal impurities. 

Several French workers have used current voltage curves obtained 

from molten lithium-potassium chloride eutectic contaminated with 

hydroxide and oxide ions to evaluate the basic reactions involving 

oxide, hydroxide, water and the hydronium ion (191-195). Delarue 

(191) observed an oxidation wave at about + 0.2 volts versus a plati-

num reference electrode and he attributed it to hydroxide or oxide 

ions. 

20H- - 2e- = 202 + H2O (4.5) 

OR 

20H- + 2C1- - 4e = 2HCl + 02 
(4.6) 

OR 

02- - 2e = 1/202 (4.7) 

He assumed that hydroxide ions do not exist in the melt, but are 

spontaneously converted to oxide ions. 
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Cl" + OH' = 02' + HC1 (4.8) 

From Delarue's investigations of solutions of metal oxides (lead oxide, 

nickel oxide, calcium oxide, magnesium oxide and cupric oxide) it can 

be inferred that these oxides are dissociated in the melt. The oxide 

ion may be oxidized either electrochemically or chemically: 

2Cu0 = 2Cu(II) + 202- = 20u(I) + k02 + 02- (4.9) 

Littlewood and Argent (86) have also studied the effect of aque-

ous contaminants on the redox potential of the equimolar sodium-

potassium chloride melt at 700°C. They claim that a hydrogen electrode 

of the type HC1
(g)' 

H
2(g)

/Pt does not reach equilibrium in a chloride 

melt containing little or no aqueous impurities. This is contradicted 

by the later results obtained by Laitinen and Plambeck (196) in the 

lithium-potassium chloride eutectic. 

Laitinen and Bhatia (197) have made an electrochemical study of 

metallic oxides in fused lithium-potassium chloride eutectic at 400 

to 500°C. They reported that the oxygen electrode does not behave 

reversibly but several electrodes of the second kind (e.g., Cu/Cu20, 

02'; Pt/PtO, 02') cxhibited reversible behavior. Due to the rather 

high solubility of the metal oxides, the measuring capabilities of 

these electrodes are limited to oxide concentrations in excess of 

10'3 molar or higher depending upon the system. The high solubility 

of the heavy metal oxides in the solvent was attributed to the com-

plexing tendency of the chloride ion. The nature of these complex 

ions in a chloride melt has been studied by cryoscopic techniques (198) 

and vapor pressure measurements (199). 
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Modern instrumental methods have been employed recently to study 

electrode processes in molten salts. Laitinen and Osteryoung (200) 

applied the impedance method to solid platinum electrodes in fused 

lithium-potassium chloride eutectic at 450°C; however, residual cur-

rents due to impurities in the melt prevented quantitative interpre-

tation of the data. They concluded that the platinum(II)/platinum 

electrode was reversible in the melt. Laitinen and Gaur (201) used 

the impedance method in a purer chloride eutectic to study the kinetics 

of the metal-Metal ion couples for cobalt, zinc, lead, bismuth, nickel 

and cadmium. They found pseudocapacity peaks anodic to the equili-

brium potentials for the system, suggesting predeposition of the metal 

due to some interaction with the solid platinum electrode, The analy-

sis of the data was possible only after the data were corrected for 

adsorption of the metal 1.ons on the electrode surface. The double 

pulse and the voltage step methods were used by Laitinen et al. (188) 

to determine the exchange current for the metals named above. The 

results for the cadmium couple were the same for both methods and 

agreed with the impedance method (201); however, the results for the 

zinc couple agreed with those from the two relaxation methods but not 

with the impedance measurement. The voltage-step method was found to 

be the easiest to use and the best suited for molten salt work. Hills 

and Johnson (113) using a faradaic impedance technique found that for 

the platinum couple the results were normal and they were able to 

evaluate the exchange current, but anomalous results were found for 

nickel. The capacity of the double layer in fused chloride melts has 
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been measured by several workers (113, 201, 202) and there is signifi-

cant agreement between their results provided a very pure melt is used 

at all times. 

4.2 Electrodes and Electrode Potentials 

The first systematic measurement of equilibrium electrode poten-

tials in lithium-potassium chloride eutectic was made by Senderoff 

and Brenner (203) using a silver chloride-silver reference system. 

Although the chlorine electrode had been used before (204), Laitinen 

and Pankey (205) were the first to thoroughly investigate and estab-

lish its attributes as a reference electrode and to measure its poten-

tial with respect to the platinum(II)/platinum reference electrode 

(206). Because the platinum(II)/platinum reference electrode is reliable 

and easily prepared, it has become the basis of a fairly comprehensive 

emf series which has been compiled into a noteworthy review by Plambeck 

(20). At temperatures in excess of 550°C the thermal instability of 

the platinum(II) becomes apparent and for this reason workers (207, 

208, 310, 311) studying the temperature dependence of cell emfs have 

used the chlorine or silver(I)/silver reference electrode system. The 

potentials of both the platinum and silver electrode systems have been 

measured against the chlorine electrode as a function of temperature 

(205, 207, 208), thus making it possible to convert freely from one 

reference system to another. The chlorine electrode has the greatest 

thermodynamic value but is the most difficult of the three to use in 

the laboratory. The operation and characteristics of the chlorine 
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electrode will be discussed later in section 4.5 (page 88). 

Hamer, Malmberg and Rubin calculated the theoretical emf of 

formation cells for 96 metal couples in pure solid or molten chloride 

(209) and later extended their calculations to fluoride, bromide and 

iodide systems (210) for temperatures from 25°C to 1500°C. Metz (211) 

used statistical mechanics to calculate the temperature dependence of 

the formation potential for lithium chloride but the calculation is 

long and complex, thus having very little practical application. 

Due to the various methods of isolating the silver(I)/silver 

reference electrode from the rest of the system, its development has 

been the subject of many papers. Several workers (187, 203, 204, 212) 

have used an asbestos fiber sealed in silica glass to connect the 

silver reference electrode compartment with the rest of the melt at 

temperatures in excess of 600°C. Denning (106) replaced the asbestos 

fiber, which he found difficult to prepare, by a finely drawn out 

Luggin-Haber type capillary for work in molten potassium chloride at 

800°C. Littlewood (213) objects to these types of reference electrodes 

since the asbestos plug or the capillary will let contamination from 

the working melt into the reference electrode. A reference electrode 

of the type 

Ag / Ag(I) in (Na,K)C1 / glass (4.10) 

was found to be reproducible to + 10 mV and to be unaffected by freez-

ing followed by fusion. The Supremax glass sheath, approximately 1 

mm thick, had a membrane resistance of 0.5 to 1 meg ohm and allowed 

no contamination in from the outside melt. Assuming that only the 
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cations were transported through the glass, Littlewood calculated the 

junction potential across the glass membrane to be 18.6 mV at 700°C. 

This compares firly well with the estimated value of 21 mV from emf 

measurements. The potential of the silver(I)/silver reference elec-

torde, 0.271 mole fraction silver chloride, in an equimolar sodium-

potassium chloride melt at 700°C, versus a chlorine electrode, was 

939 mV. Bockris et al. (108) claimed that only the solvent cations 

of the lithium-potassium chloride eutectic and not the silver ions 

could diffuse through a thin glass membrane reference electrode. The 

membrane was very fragile and had a resistance of about 2000 ohms. 

If a correction, based on the assumption that the glass was impermeable 

to the silver ion, was made for the membrane potential, the electrode 

obeyed the Nernst equation for silver concentrations from 7 x 10-3 to 

5 x 10-2 silver chloride mole fraction in the temperature range from 

350 to 550°C. It is difficult to understand how a thin glass membrane 

would not stop either ion. 

Yang and Hudson (208) pointed out that although the chlorine 

electrode is the ideal reference electrode in chloride melts another 

reference electrode, such as 

Ag / Ag(I) in (Li,K)C1 / glass / (4.11) 

must be used due to the oxidizing properties of chlorine. They con-

sidered the following three cells in order to evaluate the junction 

potential across the glass membrane: 

M/MC1n, (Li,K)Cl/glass/AgC1, (Li,K)C1/Ag Ea (4.12) 

M/MC1n, (Li,K)C1/C12 Eb (4.13) 
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Ag/AgCl, (Li,K)C1/C12 Ec (4.14'1 

It can be shown that AE, defined as PO = Ea + Ec - Eb, can be cal-
culated from thermodynamics by 

1 r-
E = -1-11- 1_64(C1- in MCln, (Li,K)C1) -,/,(4.(C1- in AgC1, 

(Li,K)C1) 1.] + Em (4.15) 

The equation for 2NE is composed of two parts, the first is the dif-
ference in the chemical potential, a , of the chloride ion on each 

side of the membrane and the second, Em, is the membrane potential for 

the cell. In general the chemical potentials of the chloride ion are 

unknown; thus, only the total effect, AE, could be evaluated. They 

examined eight different metals over a range of temperatures, concen-

trations and membrane materials. The values for E ranged from 1 to 

50 mV depending upon the nature of the system. Some of the general 

trends which were observed are as follows: 

1. AE is negligible when the metal chloride is silver 
chloride and tends to higher values as the tendency 

for metal to form complex ions increases; 

2. PIE decreases as the concentration of MCln decreases; 
3. AE does not vary appreciably with temperature; 
4. AE is not affected by the AgC1 concentration until it 

exceeds 0.6 mole fraction, then AE becomes abnormally 

high; 

5. AE is considerably higher for Vycor and quartz mem-
branes than for Pyrex membranes. 
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They report that the reference electrode was reproducible to + 2 my 

and stable at 800°C for 40 hours with a potential change of less than 

a few millivolts. 

The majority of workers in the lithium-potassium chloride eutec-

tic use a medium or fine porosity sintered glass frit to separate the 

reference electrode from the rest of the system. When dealing with a 

short period of time, the diffusion through the frit, when it is used 

to separate dilute solutions of metal ions in the common solvent, can 

be neglected. 

After platinum was established as a reference electrode (206), 

its anodic behavior in molten chloride was studied by several investi-

gators. Laitinen et al. (188, 205) explained that the failure to 

oxidize iron(II) to iron(III) in the lithium-potassium chloride eutec-

tic was due to the formation of platinum chloride on the platinum 

surface. Delarue (191) obtained a peak in the anodic portion of a 

voltammetric curve for a micro platinum electrode in the lithium-

potassium chloride eutectic at 400°C. The peak began at -0.05 V and 

at approximately +0.1 V reached a maximum value of approximately 310 

A mm-2, after which the current dropped immediately to a small 

residual value. The final oxidation wave occurred at approximately 

+1.0 V versus a platinum(II)/platinum reference electrode. The cathodic 

portion exhibited a single decomposition wave at approximately -2.6 V 

provided the micro electrode had not been anodized. Fot a platinum 

electrode, maintained at +0.2 V for one minute, the cathodic polariza-

tion produced two cathodic waves, the first at approximately -1.0 V 
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and the second in excess of -2.0 V. The first wave was not reproduc-

ible and the current density varied from 100 to 400,u..A mm-2. The 

anodic portion of these results have been verified and interpreted 

as the formation of a passive layer of platinum oxides (214) or potas-

sium chioro-platinate (215). Asakwra and Mukaibo (216) studied the 

passivation of platinum in the lithium-potassium chloride eutectic by 

means of potential-sweep, galvanostatic, potentiostatic and potential-

decay measurements. They explained their results on the basis of the 

following assumptions: 

1. When the electrode potential reaches the passivation 

potential, ED, the electrode becomes covered with a 

non-conducting U.

2. The electrode process is controlled by the diffusion 

of platinum ions into the solution before passivation 

occurs. 

The activity of the platinum ion, a , in the non-conducting film was 

related to the activity, a°, of the platinum ions in the solution by 

a = a° exp(nFE0/RT) (4.16) 

The platinum ion is normally generated in the melts by coulometric 

oxidation; therefore, the question arises, will the potential of this 

electrode be equal to the potential of a platinum(II)/platinum elec-

trode system in which the platinum(II) has been introduced by some 

other means, e.g., adding platinum chloride. If the anodic film 

remains on the platinum surface, it will undoubtably affect the poten-

tial of the electrode to some degree and this would impair its usefulness 
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as a reference electrode. 

4.3 Activities and Thermodynamics of the Silver Ion in Alkali 

Chloride Melts 

The activity and activity coefficient for the silver ion or any 

other metal ion dissolved in an alkali metal chloride melt can be 

determined by studying the cell 

Ag/Ag(I) in MeCl/C12 (4.17) 

where the measured potential, E, is given by: 

and 

E = Eo _RT in aAgC1
F 

PC12 

aAgC1
N
AgC1 

rAgC1 

(4.18) 

(4.19) 

The standard electrode potential of silver chloride as a function of 

temperature has been determined directly from the formation cell (168, 

207, 217 - 223); 

Ag/AgCl/C12 (4.20) 

or from thermodynamic calculations (209). All of the determinations 

of E
o 

agree within a few millivolts. In all the chloride melts that 

have been studied it was assumed that the chloride ion activity remains 

constant. The silver activity coefficient is greater than unity in 

solutions of lithium chloride (224, 225) and sodium chloride (217, 226, 

227) but less than unity in potassium chloride (130, 204, 223, 228, 

229) and cesium chloride (230). The partial molar excess free energy, 
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GE, G , varies almost linearly with the composition of a mixed solvent 

(A + B) from its value in pure A to that in pure B (230). Gi is 

related to the activity coefficient,
V 

of the ith component by 

—E 
G. = RT 1n 7 (4.21) 

The activity coefficient for silver chloride in equimolar mixtures of 

sodium-potassium chloride (187, 230) and sodium-cesium chloride (230) 

is less than unity. The lithium-potassium chloride eutectic has been 

studied by several workers (203, 207, 225, 231) and the activity coef-

ficient changed from 1.0 to about 2.0 with decreasing silver chloride 

concentrations. The coefficients exhibited a slight decrease in mag-

nitude with an increase in temperature as would be predicted from the 

theory of regular solutions. 

Flengas and Ingraham (187) have measured the activities of four-

teen different metal chlorides in equimolar sodium-potassium chloride 

and Yang and Hudson (207) have studied twelve metal chlorides in the 

lithium-potassium eutectic. The ?values determined by the latter 

tend to be slightly larger in magnitude than those in the sodium-

potassium chloride. This is partly due to different experimental 

conditions and the change in solvent. Yang and Hudson discussed the 

variation of ?/- with temperature, concentrations of the metal chlor-

ide, the size of the solute metal ion and the effect of these factors 

on the stability of the metal chloro complexes. 

Lately, the excess free energies of mixtures with a common ion 

have been the subject of several papers (230, 232) and a review (11). 
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Lumsden (233) has calculated the heat of mixing for two molten alkali-

metal halides with a common anion in terms of the interionic distances, 

the London constants for dispersion forces between the cations and the 

polarizability of the anion. The calculated values agreed well with 

published values and the treatment can be readily extended to multi-

compouent systems. The thermodynamic properties of chloride systems 

have also been calculated from phase diagrams (1, 233, 234) and vapor 

pressure measurements (1, 233, 235). 

4.4 Thermoelectric Cells 

The work on thermocells in halide melts has been concentrated on 

cells of the type (149, 161, 168, 236-241) 

Ag / AgX / Ag 

T2
 
m1 

T T
2 1 

(4.22) 

or of the type (157, 161, 168, 239, 242, 243) 

C12 / MeC1 / C12

T
1 

T
2 

Sinistri and Pezzati (244) reported that the Seebeck coefficient, 

for the silver chloride in a silver-potassium chloride mixture is 

related to that in pure silver chloride, E,0, by an equation similar 

to that for the nitrate systems (166). Metz and Seifert (168) examined 

the silver chloride thermal cell and determined the Seebeck coeffi-

cient for the cells 4.22, 4.23 and 

Ag / AgC1 / C12 (4.24) 
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They reported the Seebeck coefficient for cell 4.22 to be given by 

c o
T 

- 381 + 7.98 x 10-3 T(°C).A.A.V deg-1

and for cell 4.23 by 

(4.25) 

= - 725 0.24 x 10-3 (T - 500°C),40 deg-1 (4.26) 

Their results were compared with the previous results and were found 

to be in agreement with the majority of the published values. 

Senderoff and Bretz (161) reported a Seebeck coefficient of 

375../44.- V deg-1 for cell 4.22 and - 644,44... V deg-1 for cell 4.23. 

Both cells exhibited a linear relationship between the thermo emf and 

the temperature difference of the two electrodes for temperatures from 

475 to 700°C. Meissner et al. (243) developed a thermal converter 

which used the cell 4.23 and a pump to circulate the chlorine produced 

at the hot electrode back to the cold electrode; the circulating gas-

eous electrode eliminated the problem of metal build-up on metal 

cathodes and the disappearance of metal anodes. They obtained a maxi-

mum efficiency of 4.5% in a silver chloride melt with a chlorine pressure 

of 0.4 atmospheres, one electrode being at 500°C and the other at 

1300°C. The vaporization of the silver chloride limited the upper 

temperature or a higher efficiency would have been realized. 

4.5 Gas Electrodes 

The chlorine electrode consists of a graphite rod or tube over 

which chlorine gas is passed. The graphite requires special pretreat-

ment to ensure rapid equilibrium between the chloride ion and the 
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chlorine gas. Several workers (11, 205, 223) have reviewed the 

various pretreatments and preparations of the electrode; these pre-

treatments and preparations include exposure to chlorine at elevated 

temperatures, exposure to fuming hydrochloric acid, electrolysis in 

molten silver chloride, and an exposure which alternated between 

chlorine gas and vacuum several times. 

the lithium-potassium chloride eutectic 

450°C by Laitinen and Pankey (205); the 

on the molar, molal and mole fraction 

(II)/platinum reference electrode was 

and +0.216 volts, respectively. They 

bromide/bromine and iodide/iodine gas 

The chlorine electrode in 

was thoroughly examined at 

standard electrode potentials 

scale versus a standard platinum-

reported to be +0.323, +0.306 

have also examined the 

electrodes. The mechanism 

(245 - 247), kinetics (248) and reversibility (219, 223) of the chlo-

rine electrode have been reported in the literature and they establish 

its reliability and thermodynamic value. 

Inman (249) reported an oxygen electrode, 02-/02/Au, in the 

lithium-potassium chloride melt at 450°C that exhibited in a Nernst 

plot a slope of RT/F instead of the expected RT/2F for the electrode 

reaction 

1/202 + 2e = 02- (4.27) 

Zambonin and Jordan (91) explained this observation using an oxide-

superoxide system in which the electrode reaction is 

0
2
+e = 02 (4.28) 

Laitinen and Bhatia (197) found that the oxygen electrode was not 

reversible in a chloride melt; however, several metal oxide electrodes 
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of the second kind (Cu/Cu20, 02-, Pt/Pte, 02-) behaved reversibly in 

the chloride melt. A sulfur electrode was found to be reversible in 

the lithium-potassium chloride eutectic by Bodewig and Plambeck (250) 

and the electrode reaction was shown to be 

S Cl + 2e = 2S + 2C1-2 2 (4.29) 

An hydrogen-hydrogen chloride electrode suitable for use in the 

lithium-potassium chloride eutectic at 450°C has been prepared by 

Laitinen and Plambeck (196). It consisted of a mixture of hydrogen 

and hydrogen chloride gas bubbled over a platinized platinum flag 

immersed in the melt. The authors reviewed the previous work on hydro-

gen electrodes in melts containing aqueous contaminates. The reported 

E° for the electrode on the molar concentration scale versus a plati-

num reference electrode was - 0.6935 + 0.0047 volts which gives a 

value at 450°C of 1.0161 + 0.0050 volts for the reaction 

1/2112 + 1/2C12 = HC1 (4.30) 

The experimental value for the formation of hydrogen chloride gas com-

pared very well with N.B.S. and JANAF values. The standard state used 

in this work was one atmosphere pressure for the gases and the activity 

of the chloride ion as in the melt. The solubility (251, 252), elec-

trical properties (253, 254) and the infrared spectra of hydrogen 

chloride dissolved in chloride melts have been reported by several 

Russian and Japanese workers. An electrode of a similar type has been 

reported for the hydrogen-hydrogen fluoride system (255) in the tem-

perature range of 500 to 900°C in the formation cell: 

Be/BeF2, LiF/HF, H2/Pt (4.31) 
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Johnson et al. (256) used a hydrogen-hydride ion electrode to study 

the thermodynamics of lithium hydride. The electrode reaction was 

3/4112 + e = H" (4.32) 

and the electrochemical cell that they used was 

Lim/LiX(1) saturated with LiH(s)/H2(g)/Fe(X=C1, Br, I) 

(4.33) 

for which the cell reaction is: 

Li(1) + 
`(g) 

= LiH(s) (4.34) 

The measured values for the formation of lithium hydride agreed with 

Athe literature value ( t3, G298oK - 16.8 kcal mole-1). Due to the 

possible use of the hydrogen-lithium hydride electrode in thermally 

regenerative fuel cells, Plambeck et al. (257) used voltammetric and 

chronopotentiometric techniques to investigate the electrochemistry 

of the electrode in the lithium-potassium chloride eutectic at 375°C. 

Due to the complexity of the system and the lack of general physical 

data related to the hydride-melt systems, it was difficult to quanti-

tatively analyze their experimental data. 
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5. PREVIOUS STUDIES ON THE PROPERTIES OF SULFATE MELTS 

5.1 Physical and Electrochemical Properties 

The alkali metal sulfates are stable in air up to 800°C (258), 

whereas the thermal range of nitrate and carbonate melts exposed to 

air is much smaller. The general physical properties of the pure 

alkali metal sulfate melts and some mixtures have been tabulated by 

Janz (2). The two main eutectics used are a binary mixture of lithium 

sulfate and potassium sulfate (0.8:0 m.p. = 535°0(259) and a 

ternary mixture of lithium sulfate, sodium sulfate and potassium sul-

fate (0.78:0.085:0.135, m.p. = 512°C)(260) and their respective 

densities at 550°C are 2.120 (58) and 2.13 (261) gm cc-1. Kvist (262) 

has reported the conductivity of the lithium sulfate-potassium sulfate 

eutectic and pure lithium sulfate. 

Stern and Weise (263) have reviewed and tabulated the data for 

the high temperature properties (such as phase changes) and the ther-

mal decomposition of sixty inorganic sulfate salts. The thermal 

decomposition mainly results in the formation of the metal oxide plus 

sulfur trioxide, whereas the electrolytic reduction may result in 

products containing several different oxidation states of sulfur (74). 

Bartlett and Johnson (74) have shown that the thermodynamically favored 

anodic products from the electrolysis of solid or liquid sulfate are 

92 



formed at temperatures below 1200°K (927°C) according to 

SO42- = SO3 + k02 + 2e 

and at temperatures above 1200°K 

(5.1) 

SO4
2-

SO2 + 02 + 2e (5.2) 

They considered the possible cathodic reactions to be: 

SO42- + 6e = ks2+ 402- (5.3) 

SO
4
2- 
+ 8e = S

2- 
+ 40

2 
(5.4) 

Men+ + ne = Me (5.5) 

plus the side reaction involving the reduction of any sulfur trioxide 

formed by thermal decomposition followed by the decomposition of sul-

fite to sulfide and sulfate. 

4S0
3 
+ 8e = 4S0

3
2 

(5.6) 

/6503
2-

= S2 + 3S04
2-

(5.7) 

The reduction of the sulfur trioxide occurs about 2 to 3 volts before 

any of the other cathodic reactions; therefore, any appreciable amount 

of the sulfur trioxide in the melt will greatly reduce the useful work-

ing range of the sulfate melt. The thermodynamic calculations showed 

that the production of sulfide is favored up to a temperature of about 

1700°K (1427°C) after which the deposition of the alkali metal is 

favored; hence, at temperatures below 1700°K reactive metals (iron or 

higher) will reduce the sulfate ion to produce the metal sulfide or 

oxide. In general, the thermodynamically favored reaction is 

4M + Na2SO4 = 4M0 + Na2S (5.8) 
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The cathodic products of the electrolysis of the lithium sodium 

potassium sulfate eutectic at temperatures between 550°C and 580°C 

were identified by Johnson and Laitinen (261) as sulfur, oxide and 

sulfite; whereas, Liu (264) reported the production of sulfite, oxide 

and sulfide from the lithium potassium sulfate eutectic at 625°C. 

Liu reported that the limiting anodic process 

SO42- = SO3 + k02 + 2e (5.0) 

occurred at +0.7 to +0.9 volts versus a one molal silver(I)/silver 

electrode while the limiting cathodic process was recorded at about 

-1.6 to -2.0 volts to give an overall working range of 2.3 to 2.9 

volts in the sulfate melt. The predicted range from the thermodynamic 

calculations is 3.1 volts (74). The production of sulfite and sulfide 

accounted for 95% of the electricity according to the reactions 

SO
4
2- 
+ 2e = SO

3
2- + 02- (5.10) 

2- SO + 8e 
4 

= S2- + 402- (5.11) 

Johnson and Laitinen (261) found that the main products of the 

reduction of the lithium sodium potassium sulfate eutectic at 550°C 

were sulfur, oxide ion and a small amount of sulfite ion which decom-

posed to sulfur and sulfur dioxide in the melt. Any significant 

amount of sulfur gave a blue color at first, then rapidly changed to 

brown. Active metals (magnesium, iron, cadmium, nickel, zinc, thal-

lium, lead) reduced the sulfate solvent to give sulfide, oxide and 

trace amounts of sulfur. 
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The limiting anodic current due to 

SO4
2- 

= SO3 + 1/202 + 2e 
(5.12) 

occurred at about +0.6 volts versus a one molal silver(I)/silver 

reference electrode. The kinetics of this reaction have been studied 

by Flood and Forland (265). 

The anodic electrolysis of the sulfate ion on a carbon anode at 

700°C produces sulfur dioxide and carbon dioxide (266). The shape of 

the voltammetric reduction curve of the sulfate melt is similar to 

that for the nitrate reduction (39). The initial stage of the reduc-

tion is partially irreversible with a half-wave potential of -0.6 

volts versus the silver(I)/silver reference electrode. The final 

reduction wave begins at about -2.3 volts. The initial reduction can 

be attributed to the reduction of sulfur trioxide formed by thermal 

decomposition and the difference in potential between the initial and 

final stage (1.7 volts) which agrees fairly well with the 2.1 volts 

predicted from thermodynamic calculations (74). The dissociation 

equilibrium which produces sulfur trioxide and causes the initial 

wave in the electroreduction process has been studied by Wrench and 

Inman (267) at 750°C. The equilibrium constant for the reaction 

SO3 + 02- = SO42- 

D042 
K = 

[S033 [02-3 

(5.13) 

(5.14) 

was found to be very high (K2> 100) and the reaction is shifted far 

to the right. 
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The complexity of the system greatly increases with the addition 

of the chloride ion due to the formation of many complexes. Eighteen 

eutectics and 46 quaternary invariant points have been reported for 

the reciprocal quaternary system, Li,Na,K//S042-,C1 (268) with the 

majority of the complexes occurring in the 0 to 30% chloride range. 

5.2 Electrodes and Electrode Potentials 

The reduction of the sulfate melt by active metals limits the 

number of metal electrodes that can exist in the melt; however, emf 

series of six redox couples in the ternary eutectic at 550°C (261) 

and of five metals in the binary eutectic at 625°C (264) have been 

reported. The reference electrode in both series is the silver(I)/ 

silver electrode which has been firmly established (264) and verified 

(261) as a reliable and reversible reference electrode for the sul-

fate melts. The silver(I) ion has been added to the melt by coulomet-

rically anodizing silver metal with 100% current efficiency or by 

adding silver sulfate. 

Kvist and Randsalu (269) have studied several thermoelectric 

cells in sulfate melts. 

5.3 Gas Electrodes 

Sulfate melts have been used tomt up gas electrodes which were 

reversible to the oxide ions in the melt. In a series of papers Lux 

(270) reported the measurement of oxide activities with an oxygen 

electrode in the sodium potassium sulfate eutectic at 950°C. The 
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metal oxides were volatile and in order to interpret his results Lux 

found it necessary to extrapolate back to zero time. 

Hill, Porter and Gillespie (271) set up a reversible oxygen 

electrode by surrounding a platinum wire immersed in a sulfate melt 

with oxygen. 

M/M0/02  in (Li,K)2SO4/02/Pt (5.15) 

M = Fe, Ni, Cu 

The cells took from 1 to 24 hours to stabilize and the emf remained 

after the oxygen gas was turned off; however, the experimental emis 

agreed well with the values from other thermodynamic calculations. 

Flood, Forland and Montzfeldt (272) used a sodium sulfate-sodium 

carbonate system to study the dependency of the emf on the oxide 

activity. They varied the oxide activity through the dissociation 

equilibrium of carbonate 

CO3
2 

= 0
2- 
+ CO2 (5.16) 

by changing the partial pressure of the carbon dioxide above the melt. 

The oxygen electrode combined with a sulfur dioxide electrode 

has been used to measure the sulfur trioxide activities in potassium 

sulfate (273). The electrochemical cell used was the following: 

Pt / SO2 / K2SO4 / 02 / Pt (5.17) 

K
2
S
2
0
7 

and the electrode reactions were: 

cathodic: W 2 + 2e = 02- (5.18) 

anodic: SO
2 
+ 02- = SO

3 
+ 2e 
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overall: K2SO4 + SO2 + 1/202 = K2S207 (5.20) 

Bissell and Duke (274) reported a similar type of system for the 

following cell: 

Ag / AgCl, KC1 // K2S207, K2SO4 / 02 / Pt (5.21) 

The standard potential for the overall reaction 

4Ag + 02 + 4KC1 + 2K2S207 = K2SO4 + 4AgC1 (5.22) 

was reported to be 1.02 volts at 450°C. The variation in the standard 

free energy change for the reaction was AG = - 71680 - 29.5T cal 

mole-1 and is in agreement with thermodynamic data from the literature. 

Since potassium pyrosulfate is in equilibrium with sulfur tri-

oxide in a sulfate melt (275), 

K
2
S
2
0
7 

= K
2
SO
4 
+ SO

3 
(5.23) 

the oxygen electrode in the sulfate-pyrosulfate mixture (274) may be 

considered as a type of sulfate gas electrode. Hauffe and Hoeffgen 

(276) have examined a S042 /S03, 02/Pt gas electrode in contact with 

solid, tempered pellets of silver sulfate at 600°C. The experimental 

emf for the cell 

Ag / Ag2SO4 / SO3, 02 / Pt (5.24) 

2Ag + SO3 + 1/202 = Ag2SO4 (5.25) 

was 0.555 volts as compared to the calculated value of 0.508 volts. 

The gas mixture passed through the gas electrode contained sulfur 

trioxide, oxygen and nitrogen and the partial pressure of the oxygen 

was varied from 90 mm to about 760 mm. The sulfur trioxide is in equi-

librium with oxygen and sulfur dioxide according to: 
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SO2 + = SO3 (5.26) 

with an equilibrium constant, K, given by the equation (323): 

D03] 
K =   (5.27) 

ES02 3[02] 

Log K = 1.066 x 104/T - 9.996 (5.28) 

The kinetics of the reaction are such that it requires three to five 

hours for equilibrium to be reached. The thermodynamic values for 

sulfur dioxide (263, 277-280), sulfur trioxide (263, 277-279, 281), 

and sulfuric acid (277) along with the phase diagrams of the systems 

containing sodium sulfate, potassium sulfate and sulfur trioxide (282) 

have been reported in the literature. 

The S2-/S (g) gas electrode on carbon (283) 

- Ag Ag2S S(g) I C + 

AgC1 
(5.29) 

showed ideal Nernst behavior at temperatures from 490°C to 860°C for 

sulfur vapor pressures between 10
-3 

to 1 atmosphere provided the sul-

fide concentration was kept low. Arvia et al. (284) studied the 

kinetics of the hydrogen electrode in a sodium hydrogen sulfate melt 

(285) between the temperatures of 180°C and 345°C and found that its 

behavior resembled that of the standard hydrogen electrode in aqueous 

solutions at room temperatures. They explained their observations in 

terms of thermal decomposition 

2NaHSO4 = Na2S207 + H2O 

followed by the reaction of water with the melt 

(5.30) 

nH20 + Na(I) = Na(H20)n(1) (5.31) 
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H2O + HSO4 = H30(I) + SO4- (5.32) 

to form the hydronium ion which enters directly into the hydrogen 

electrode process as in the aqueous solutions. 
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6. PREVIOUS STUDIES ON THE PROPERTIES OF CARBONATE MELTS 

6.1 Physical and Electrochemical Properties 

The physical, chemical and electrochemical properties of molten 

alkali carbonates have been recently reviewed by Janz (286) and Bart-

lett and Johnson (287). The ternary eutectic (0.435 Li2CO3, 0.315 

Na2CO3, 0.25 K2CO3; m.p. = 397°C) and the lithium-sodium carbonate 

eutectic (0.53:0.47, m.p. = 500°C) have been used in the majority of 

the studies on the fused carbonate system. The densities and conduc-

tances have been measured for the single salt carbonate melts (2, 65, 

286) and for several of the eutectic melts (288). The thermal decom-

position of carbonate melts which is normally suppressed by an atmos-

phere of carbon dioxide (74) has been studied by some Russian workers 

(289) at 750°C for periods up to 400 hours with various atmospheres 

above the melt. They observed thermal decomposition of the ternary 

eutectic in air and argon but not in carbon dioxide. 

The enthalpy and related thermodynamic properties of carbonate 

melts (290, 291) have been published in addition to the theoretical 

standard reversible decomposition voltages (74) calculated from ther-

mal data. In the theoretical calculations Bartlett and Johnson (74) 

considered the anodic reaction in the electrolysis of solid or molten 

carbonate to be 

CO32 = CO
2 
+ 1/20

2 
+ 2e 
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whereas the cathodic reaction may be one or a combination of 

CO32 + 4e = C + 30
2-

(6.2) 

CO
3
2- + 2e = CO + 202- (6.3) 

Meng + ne = M (6.4) 

2C032 + 10e = C2
2- + 60

2-
(6.5) 

In addition, the carbon dioxide atmosphere above the melt may be 

reduced to either carbon or carbon monoxide. 

or 

3CO2 + 4e = 2C03
2- + C 

2CO2 + 2e = CO32 + CO 

(6.6) 

(6.7) 

The calculations showed that the favored reaction at all tempera-

tures in potassium carbouate (and above 600°C in sodium carbonate) was 

the deposition of the alkali metal. Below 600°C in sodium carbonate 

and at low temperatures in the other carbonates carbon is the favored 

product, but at higher temperatures carbon monoxide is the dominant 

one. Although the direct reduction of carbon dioxide would occur in 

all the melts, its activity in the melt is too low to make any signi-

ficant contribution to the electrode reaction. Bartlett and Johnson 

presented their calculations 

reduction of carbonates with 

values with the experimental 

in an Ellingham diagram, discussed the 

metals and carbon, and compared their 

results, 

The electrolysis of carbonate melts has been studied (287, 292, 

293) and reviewed (286) by several workers. The products of the 

oxidation of carbonate melts are carbon dioxide and oxygen, but the 
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ratio of the two products is strongly dependent on the experimental 

conditions: at high current densities the CO2:02 ratio is about 2:1 

while at low current densities it is about 1:6. The excess of oxy-

gen at the low current densities may be due to 

02- = 1/20 + 2e (6.8) 

The electrolytic'reduction products at low temperatures ( 4::600°C) 

are carbon and oxide while at temperatures above 700°C they are 

believed to be carbon monoxide and oxide ion. Current-voltage curves 

(287) obtained from the lithium-sodium carbonate eutectic at 550°C 

exhibited two waves in their cathodic portion and showed that the 

limiting oxidation process occurred at about +0.4 volts versus a 

silver(I)/silver reference electrode. The first, rather small and 

irreproducible cathodic wave at -1.2 volts was attributed to the recuc-

tion of carbon dioxide and the final limiting wave at -2.0 volts to 

the reduction of the carbonate ion. Janz (286) has summarized the 

decomposition potentials for the other carbonate melts. 

Alumina has been proven to be one of the few materials that are 

not corroded by the carbonate melts and has been used extensively in 

the experimental work. If the redox potential of a metal exceeds that 

of the melt, it will corrode or oxidize in the melt and continue to do 

so until the two potentials are equal. The studies on the corrosion 

of silver, platinum, gold and several other metals (286, 287, 294, 

295) have shown that the corrosion can be related to the partial pres-

sures of oxygen and carbon dioxide over the melt. The redox potential, 

E, of the carbonate melt depends upon the partial pressures of the 
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oxygen and carbon dioxide in the gas phase. 

C032 = CO2 + 1/202 + 2e (6.9) 

E = E° RT 
2F 

In 
,AL]

CO
2
" 0 '

2
(6.10) 

The corrosion of a metal may be further complicated by the formation 

of an insoluble metal oxide and the possibility of passivation of the 

metal surface. The concentration of the oxide ion in the carbonate 

melt is controlled by the partial pressure of carbon dioxide and the 

carbonate dissociation equilibrium (92, 286, 295, 296) 

C032- = CO2 + 02- (6.11) 

The effect of water on the redox potential of the carbonate melt 

as well as the hydrolysis reactions that will occur in the melt have 

been investigated by Busson et al. (296). They proposed a new type 

of fuel cell in which the buffering effect of the acid-base pair 

(1
2
0/20H ) suppresses the polarization due to proton transport to the 

electrodes. The operation of this new type of fuel cell was shown to 

be more economical than cells designed to use a combustive mixture of 

oxygen and carbon dioxide. 

6.2 Electrodes and Electrode Potentials 

The standard electrode potentials of the first three alkali metal 

electrodes, the CO2/C electrode and the CO
2' 

CO/Au electrode at 600°C 

and 750°C in the carbonate melt (292, 297) have been determined using 

CO3 3 /CO2, 02/Au gas reference electrode. Bartlett and Johnson (287) 
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detei—ined the standard electrode potentials of cobalt, nickel, the 

CO32-/CO2/ 02/Pt gas electrode and the silver electrode in a sulfate 

melt at 550°C for the lithium-sodium carbonate eutectic; for a refer-

ence electrode they used the silver(I)/silver electrode in carbonate 

which they found to be reversible and to show ideal Nernst behavior 

for concentrations between 4 x 10-3 and 4 x 10-2 molar. The silver

was anodized at a current efficiency of nearly 100% and the stability 

of the carbonate melt was maintained under carbon dioxide at one atmos-

phere pressure. They reported that iron reduced the solvent but 

rhodium and platinum were noble. When copper was anodized, it became 

covered with oxide and turned the melt green. A theoretical emf ser-

ies for molten carbonates has been calculated (298) and an experimental 

order of reactivity for several metals has been deduced from potentio-

static polarization curves (294, 299). 

6.3 Gas Electrodes 

The oxidation of carbonate 

C03
2- = CO

2 + 202 + 2e (6.12) 

can be more accurately represented by two steps (300): 

C0
3
2- = CO2 + 0

2- (6.13) 

02- = 202 + 2e (6.14) 

This indicates that the carbonate gas electrode in reality is an oxy-

gen electrode run under a carbon dioxide atmosphere. The oxygen 

electrode has been verified for the ternary carbonate eutectic (300, 
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301), the sodium potassium carbonate eutectic (302), the lithium 

sodium carbonate eutectic (287) and a sodium sulfate-carbonate mixture 

(272) where the oxide concentration is controlled by the equilibrium 

equation 

[02 J
K

32

2002 (6.15) 

Borucka and Sugiyama (301) showed that the platinum anodes used by 

the other workers were slowly corroded in the carbonate melt. They 

used a gold anode and a special gas control system to vary the flow 

of each gas independently in a detailed study at 800°C in the ternary 

eutectic. They found, among other things, that the gold anode gave 

slightly higher values than the platinum anode and this is in accord 

with the findings of Janz and Saegusa (303). 

A reversible carbon dioxide - carbon monoxide gas electrode in 

molten carbonate at 700 to 800°C was used by Borucka (304) as a new 

reference electrode for the carbonate system. The electrode reaction 

for the electrode 

C0
3
2-
/C0

' 
CO
2
/Au 

was shown to obey the equation 

CO + CO 2- = 2CO2 + 2e 

(6.16) 

(6.17) 

The Boudouard equilibrium 

2C0 = CO2 + C (6.18) 

Log KB — 
846

- 9.2 (6.19) 

must be considered in this electrode system since carbon may be 
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deposited if 

2 CO2 
(co)P > KB 

(6.20) 

Borucka defined the zero potential of the gas electrode by the condi-

tion 

(PCO2)
2 

PCO 
1 atmosphere (6.21) 

and used this as a basis for a new potential scale for the carbonate 

melt. 

In order to study the anodic behavior of smooth platinum elec-

trodes in molten carbonates, Arkhyrov and Stepanov (305) examined a 

type of hydrogen electrode in carbonate melts. They set up the fol-

lowing cell by bubbling the appropriate gases over platinum flags 

immersed in the melt. 

Pt/H
2
/CO

32-/CO2' 
0
2
/Pt (6.22) 

The electrode reactions are 

H2 + C03
2- = H2O + CO2 + 2e (6.23) 

202 + CO2 + 2e = C0
3
2- (6.24) 

with an overall reaction of 

H2 + .7.102 = H2O (6.25) 

The three-phase contact required at each electrode was unsatisfactory 

and thus was offered as the explanation for the difference between the 

observed potentials and the theoretical values. The Russians did not 

take into account the side reactions which form methane (306) in this 
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type of carbonate fuel cell. 

6.4 Sulfate//Carbonate Solvent Junction Potential 

The silver carbonate/silver electrode and the gaseous carbonate 

electrode have been used as reference electrodes for studies in molten 

carbonates but these electrodes present many experimental difficulties. 

Several workers (292, 294, 307) have used, as a reference, the Danner-

Rey electrode (308) which consists of a silver sulfate-silver electrode 

in a porcelain tube closed at the lower end and sealed around the emerg-

ing silver wire at the top. Electrical contact is made through the 

pores of the porcelain and often an additional porcelain sheath con-

taining lithium-potassium sulfate eutectic is put around the Danner-

Rey electrode to protect the silver sulfate from the gradual diffusion 

of carbonate through the porcelain. Busson et al. (307) reported the 

potential to be -0.57 volts between the reversible oxygen electrode in 

the ternary carbonate eutectic at 605°C and the Danner-Rey reference 

electrode. Unfortunately, these workers do not state the concentra-

tion of silver sulfate in the Danner-Rey electrode that was associated 

th this potential. 

Borucka and Sugiyama (301) pointed out that the experimental con-

ditions in the work by Busson et al. (307) made the presence of water 

inevitable. They claim that in spite of the increasing use of the 

Danner-Rey reference electrode in molten carbonate studies, it has 

never been properly evaluated either with respect to its stability, 

liquid junction or temperature coefficient. For these reasons they 
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concluded that the potential of the C032 /02, CO2/Au electrode rela-

tive to the Danner-Rey reference electrode measured by Busson et al. 

(307) can not be accepted as valid. 

The use of a silver sulfate/silver reference electrode in molten 

carbonates has also been examined by Bartlett and Johnson (287). They 

set up the following concentration cell at 540°C: 

Ag/Ag(I) in (Li, Na)2CO3//Ag(I) in (Li,Na,K)2SO4/Ag (6.26) 

and found that it exhibited ideal Nernst behavior with a stability 

of + 1 mV for each set of concentrations. They reported the potential 

of the C032 /CO2, 02/Pt electrode with respect to the silver sulfate 

reference electrode at 550°C on the molar, molal and mole fraction con-

centration scales were -0.523, -0.470 and -0.725 volts, respectively. 

The potential of the silver carbonate/silver electrode and the silver 

sulfate/silver reference electrode at 540°C and on the same three con-

centration scales were -0.253, -0.250 and -0.274 volts. No attempt 

was made to correct for the liquid junction potential or to use silver 

activities instead of silver concentrations in the system. 

A chlorine electrode has also been used as a reference electrode 

in molten carbonates for temperatures from 770°C to 1000°C in the 

cell (309): 

Pt/CO
2' 
0
2
/(Na

'
K)
2
CO
3
//(Na,K)C1/C1

2
/C (6.27) 

The calculated emf for the cell, based on the reaction, 

kK 
2
 CO -1- + Cl

2 
= NaCl + KC1 

3(melt) 2 3(melt) (melt) (melt) 

+ CO2 + 1/202 (6.28) 
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at 800 and 900°C are 1.132 and 1.198 volts, respectively. Ozeryanaya 

et al. (309) obtained the following empirical equation for the tem-

perature dependence of the experimental emf: 

E = 0.446 + 6.40 x 10-4 T°K (in volts) (6.29) 

The experimental potentials at 800 and 900
o
C were 1.133 and 1.197 

volts, respectively and agree with the calculated values. 
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7. RESULTS AND DISCUSSION 

SILVER ACTIVITIES IN ALKALI NITRATE MELTS 

7.1 Fundamental Equations and Definitions 

The chemical potentialvi , of a component, i, in a mixture 

at equilibrium is given by: 

./64 i = + RT In al • (7.1) 

at the temperature T, where ai is the component's activity and/a 

is its chemical potential in a standard state (312). The activity 

of a component in a Temkin Ideal solution (313, 314) for a uni-

univalent salt CA is given by 

aCA = XCXA 

and for a general salt BrYs by 

aBY r s 
= (XB)r x y  S 

The ion fractions Xu and XA are given by 

nC

nA
X
A ni _ 

(7.2) 

(7.3) 

(7.4) 

where and n._ represent the number of gram moles of the different 

cations and anions, respectively. In an ideal mixture of two 
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uni-univalent salts (CA + BA) which have one ion in common, the 

activities are related to the mole fractions NCA 
and N

BA 
by 

aCA 
= NCA 

aBA = NBA = (1 -NCA) 

(7.5) 

(7.6) 

If the concentration of a solution is greater than the upper 

limit of the concentration range governed by Henry's Law, an activ-

ity coefficient, must be introduced for each salt (118): for 

the uni-univalent salt this is given by 

a
CA 

= XC XA D A (7.7) 

and for the general salt BrYs by 

aB Y 
= ( B) (Y) (X )5

Y B Y 
r S S 

(7.8) 

The contribution of each component, i , to the total emf of a sys-

tem is given by combining equations 7.1 and 7.8 with 

= -nFE. 

to give 

(7.9) 

= EB -
in 17, .r .5 y —1 (7.10) E

B Y LAB' `AY)Y 0 
r r s r s 

In this study only uni-univalent salts (simple salts) and mixtures 

with a single anion will be considered; therefore, since XA = 1, 

XC can be replaced by the mole fraction NCA in equation 7.J0 to give: 

o RT 
ECA = ECA - In tin ?/Q 

(7.11) 

All of the electrode and cell potentials given in this work are 
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expressed according to the I.U.P.A.C. convention of 1953 (315). 

7.2 Concentration Scales and Their Interrelationships 

In molten salt studies three main concentration scales are 

used. The molality scale, m, is the simplest to use for dilute 

solutions but has no meaning for single salt systems. The molar-

ity scale, M, is defined over the entire concentration range; how-

ever, it 

function 

fraction 

requires a knowledge of the density of the system as a 

of both the temperature and the composition. The mole 

scale, N, (assigning the value of unity to a pure salt) 

is almost directly proportional to the other two scales in dilute 

solutions; however, although the mole fraction activity coefficient 

approaches a constant value in dilute solutions, the constant does 

not equal unity as it does on the other two scales. The standard 

states for solids and gases at 

pure solid and the pure gas at 

given temperature in all three 

a given temperature are taken as the 

a pressure of one atmosphere at the 

scales. The pure salt in the molten 

state is used as the standard state for the mole fraction scale. 

The hypothetical concentration of unity is defined as the standard 

state for solutions on the molal and molar scales such that a ilaol 

as C —>0. Only on the mole fraction scale can all the standard 

states be realized in an experimental system. On all the concen-

tration scales the standard state for the ions of the solvent is 

the actual state of the ion in the solvent under one atmosphere 

pressure and the temperature of the measurement. 
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To utilize all of the material in the literature, free conver-

sion between the concentrations, standard electrode potentials and 

activity coefficients on all three scales is necessary. The rela-

tionships required for the conversion from one concentration scale 

to another have been derived (see Appendix C, page 363) and are 

summarized in Table 7.1. The results are expressed in terms of two 

sets of equations; the first is valid for all concentrations and 

the second, which is simpler, is valid ( + 1%) only in dilute solu-

tions (N G 0.01, m G 0.1, M < 0.1 for silver nitrate in most 

alkali nitrate systems). 

TABLE 7.1 

CONVERSION BETWEEN CONCENTRATION SCALES 

From M m N 
To 

All Solutions 

M = M 
1000 m.D 1000 N•D 

1000 + ra.Mwt Mwt' .(1-N) + N.Mwt 

m = 
1000 M 

m 
1000 N 

1000 D - M Mwt Mwt' (1 - N) 

N = 
M.Mwt' m.Mwe 

N 
1000 D + M(Mwt'Mwt) 1000 + ra.Mwe 

Only Dilute Solutions 

M = M m.D' 1000 N.D' 
Mwt' 

m z.--
M 

m 
1000 N 

D' Mwt' 

N = 
M.Mwt' 

in.Mwe N 
1000 D' 

1000 

M - molarity m - molality N - mole fraction 
D - density of solution D' - density of pure solvent 
Mwt - molecular weight of solute Mwt' - molecular weight of whmt 
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It can be seen that the activity coefficients on the three 

concentration scales are interrelated by an examination of a silver 

concentration cell containing an alkali nitrate solvent (MeNO3). 

Ag/Ag(I) in MeNO3/4kg(I) in MeNO3/Ag (7.12) 

I II 

The emf of the cell after correction for the liquid junction poten-

tial, Ej, is given by the Nernst equation. 

E = In  
F 
RT 

cii riJ 
(7.13) 

Changing from one concentration scale to another will not affect the 

emf of the cell; thus, 

NI oN/ mi I 0 MI

N 
II N II rm 

M 
II M 

II II II 

(7.14) 

Using the formulas given in Table 7.1, the fractions in equation 

7.14 containing m and M are rearranged to express all the concen-

trations in terms of N (the primes indicate the properties of the 

pure solvent rather than those of the solute). 

IN 
din (1-NII) 

' 
T (1-N1) 

rN
II 

v arc(HNII) + Nii(mwtinwt.)) 

(7.15) 

Further simplification can be achieved by setting NI/ = 0 and, by 

definition, r and must then be unity. 
mII MII 

D ((l-N) + N (Mwt/Mwe)) 
m
II 

II 

1NI 0 mI e
MIDI 

ri=0 1 -NI DII((1 
NI(Mwt/Mwt 1)) 
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The ratio / can be determined by direct measure-
NI N=0 

ments of the emf of a concentration cell. Cells which use the pure 

alkali nitrates or binary mixtures as the solvent have been studied 

at temperatures between 160°C and 500°C (depending on the melting 

point of the solvent and its range of stability) (1, 100, 316, 317). 

In one half of the cell the concentration was kept constant, as a 

reference electrode, and in the other half the concentration was 

varied from N = 10-5 to 5 x 10-3. Plots of E vs log NAgNO3 gave 

RT C ' 
straight lines with a slope of 

2.303 
within + 0.5 mV (100). 

This indicated that the 7; 
I/ 

rg 
II 

ratio must remain constant and 

that for concentrations up to about N = 5 x 10-3, d'; 
-AgNO3

must have 

the same value as 
I/N=0' 

• this value can be determined by examining 

a concentration cell containing pure silver nitrate in one half of 

the cell 

Ag/Ag(I) in MeNO3//AsNO3/Ag (7.17) 

I II 

The emf of the cell is given by 

-FT ln N r E 
I N

I 
(7.18) 

since NII = 1 and ir' 
NII = 1 by definition for pure AgNO3. Due to 

the high degree of sensitivity of " ' to a small change in the emf, 

an estimate for the liquid junction potential, E3, must be applied 

to all of the measurements. A one millivolt change produces a change 
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of about 0.035 in .4 -rat 350°C for most of the systems. 

In most cases, the standard cell potentials, E°, are initially 

evaluated on the molal concentration scale and then converted to the 

other scales if the required data is available for the cell. Since 

the molal activity coefficient for silver is unity in most of the 

dilute experimental cells, it is possible to calculate Em using only 

the Nernst equation, the molal concentrations and the observed emf 

of the cell after correction for the liquid junction potential. The 

relationships between E: and the corresponding values on the other 

two concentration scales (EN and Em ) are dependent upon the physi-

cal properties of the solvent, the types of electrodes used and the 

type of experimental cell. The two basic types of cells used in this 

study were the solvent junction cell which has a common metal ion/metal 

electrode system in two different solvents and a cell which contains 

two different electrodes in a common solvent. 

In the dilute solvent junction cells of the silver(I)/silver 

electrode system, the dilute solution interconcentration relation-

ships given in Table 7.1 are valid and for the cell 

Ag/Ag(I) in A//Ag(I) in B/Ag 

the activity coefficients for the three concentration scales are: 

-rm
= 
= 

1 
1 
TN=0 

The potential for the cell is given by 
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E = E 
- 

In 
o RT [X] 

BCB 

and will not be affected by the concentration scale used for a given 

amount of silver(I) in each half cell. The relationship from Table 

7.1 

M = m Dsolvent 

and 

o RT 
E = E ln 

m F 
mA o RT 

= Em in 
MB

(7.19) 

(7.20) 
mB

are combined and simplified to give 

o RT Bo = E + In
m F DB [1:11 

(7.21) 

where D is the density of the pure solvent at the given temperature. 

The conversion from the molal to the mole fraction scale is derived 

by combining and simplifying the following two equations: 

N = m 
Mwtsolvent 

x 10-3

E = E°
RT Im

mB 

to give 

RT VN=0 (in A) MwtAi] 
E°
N 

= E° + In 
m F 

"N=0 (in B) 

E° - In 
N F 

RT 

(in B) --

(7.23) 

(7.22) 

(7.24) 

where Mwt is the molecular weight of the solvent. Equations 7.21 

and 7.24 are applicable only if the electroactive species on both 

sides of the cell are identical ions. 
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The case of non-identical electroactive species in a cell con-

taining a common solvent throughout has been discussed by Laitinen 

and Liu (206); however, they did not account for changing activity 

coefficients. Since the three scales use a common standard state 

for the gaseous components, i.e., 1 atmosphere of pressure, a change 

in concentration scale will not affect a gas electrode. The change 

in standard electrode potentials between the concentration scales 

must be calculated separately and then combined to find the total 

change for the cell. The activity, a, of an ion in an infinitely 

dilute solution is given by ( dr N=0)N, m and M for the three concen-

tration scales. Using the dilute relationships in Table 7.1 and the 

Nernst equation, 

E = E + RT --ln a 
nF 

the two interrelationships for the electrode reaction 

are 

(7.25) 

Me(n) + ne = Me (7.26) 

Eo 
m 

E° = 
N 

RT 
Tv. in D(solventn 

RT 
T, In 

and for gaseous electrodes 

= El°11 = 

r- 1000 D
(solvent)

Lr YN=0 
Mwt

(solvent) 

(7.27) 

(7.28) 

(7.29) 

Equations 7.27 to 7.29, which are more general statements of equa-

tions 7.21 and 7.24, are not restricted by the types of electrodes 
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or solvents. 

7.3 Calculation of Liquid Junction Potentials 

The liquid junction potentials, Ej, for several nitrate systems 

were calculated as a function of temperature using the specific con-

ductance of the melts (265) and the method proposed by Klemm (63). 

The relative mobility between a cation and an anion was assumed to 

be independent of the concentration; the validity of this assumption 

has been demonstrated for the nitrate (68) and nitrite (70) systems. 

The derivation of equations and the methods used to calculate the 

E values are given in Appendix B. The liquid junction potentials 

at 300, 350 and 400°C were calculated for the cell 

Ag/AgNO3//Ag(I) in MeNO3/Ag (7.30) 

where Me was either one of the first three alkali metals or one of 

their binary mixtures. The results are tabulated in Table 7.2 and 

plotted in Figures 7.1 to 7.6 for the mole fraction of silver nitrate 

from 1.0 to 10-4. (The points have been omitted from the plots for 

clarity.) The values range from +25 mV for potassium nitrate at 

300 C to 0.1 mV for lithium nitrate at 400°C. In all the systems, as 

the silver nitrate concentration decreased the liquid junction poten-

tial rapidly increased; when the concentration reached 0.01 mole 

fraction the liquid junction potential remained constant. This 

behavior was expected, for even if the system were behaving ideally, 

a change in the value would cause an error in the slope of a Nernst 

plot at low concentrations. For a cell which does not contain pure 
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silver nitrate the liquid junction potential can be determined using 

two silver concentration cells as shown below: 

Electrochemical Cell 

Ag/AgNO3//Ag(I) in MeNO3/Ag 

Ag/Ag(I) in Me'NO3//AgNO3/Ag 

Liquid Junction Potential 

E (Me) (7.31) 

-E (Me') (7.32) 

Ag/Ag(I) in Me'NO
3
//Ag(I) in MeNO

3
/Ag EJ (Me'' Me) (7.33) 

TABLE 7.2 

CALCULATED LIQUID JUNCTION POTENTIALS, Ej, 
FOR THE CELL: Ag/AgNO3//Ag(I) in MeNO3/Ag 

N 
Ag(I) 

-4 
10 

-3 
10 

-2 
10 0.05 . 0.1 0.2 . 0.4 '0.6 0.8 0.9 

-Log NAg(I) 4.00 3.00 2.00 1.30 1.00 0.70 0.40 0.22 0.10 0.05 
i 

MeNO3 
ToC E (mV) J 

LiNO3 300 5.4 5.4 5.4 5.1 4.9 4.3 3.2 2.1 1.0 0.4 

350 2.9 2.9 2.9 2.8 2.6 2.3 1.7 1.2 0.6 0.2 

400 0.6 0.6 0.6 0.6 0.5 0.5 0.4 0.2 0.1 0.1 

NaNO3 300 5.1 5.1 5.0 4.8 4.6 4.0 3.0 2.0 1.0 0.5 

350 3.7 3.7 3.7 3.5 3.3 3.0 2.2 1.5 0.7 0.4 

400 2.6 2.6 2.6 2.5 2.3 2.1 1.5 1.0 0.5 0.3 

KNO3 300 25.7 25.7 25.4 24.1 1 22.5 19.4 13.8 8.8 4.2 2.0 

350 23.5 23.5 23.3 22.1 20.7 17.9 12.9 8.2 4.0 1.9 

400 22.3 22.0 22.0 21.0 19.7 17.1 12.3 7.9 3.8 1.9 

0.54 LiNO3 
300 5.3 5.3 5.3 5.0 4.8 4.2 3.1 2.1 1.0 0.5 

0.46 NaNO3 
350 3.3 3.3 3.3 3.2 3.0 2.6 2.0 1.3 0.6 0.3 

400 1.5 1.5 1.5 1.5 1.4 1.2 0.9 0.6 0.3 0.2 

0.59 LiNO3 
300 12.7 12.7 12.6 12.0 11.3 9.9 7.2 4.7 2.3 1.1 

0.41 KNO3 
350 10.3 10.3 10.2 9.8 9.2 8.1 6.0 3.9 1.9 0.9 

400 8.3 8.3 8.2 7.9 7.4 6.6 4.8 3.2 1.6 0.8 

0.45 NaNO3 
300 15.5 15.4 15.3 14.6 13.7 12.0 8.7 5.6 2.7 1.3 

0.55 KNO3 
350 13.7 13.7 13.5 12.9 12.1 10.6 7.8 5.1 2.5 1.2 

400 12.5 12.5 12.4 11.8 11.2 9.8 7.2 4.7 2.3 1.1 
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0.01 0.005 0.001 

Figure 7.1 Calculated Liquid Junction Potentials, EJ, for a Ag(I) in LiNO3

Concentration Cell 

Ag/AgNO3 // Ag(I) in LiNO3/Ag 
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Figure 7.2 Calculated Liquid Junction Potentials, Ej, for a Ag(I) in NaNO3

Concentration Cell. 

Ag/AgNO3 // Ag(I) in NaNO3/Ag 
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Figure 7.3 Calculated Liquid Junction Potentials, EJ, for a Ag(I) in KNO3

Concentration Cell. 

Ag/AgNO3 // Ag(I) in KNO3 /Ag 
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Figure 7.4 Calculated Liquid Junction Potentials, EJ, for a Ag(I) in 

(0.54 Li, 0.46 Na)NO3 Concentration Cell. 

Ag/AgNO3 // Ag(I) in (0.54 Li, 0.46 Na)NO3/Ag 
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Figure 7.5 Calculated Liquid Junction Potentials, EJ, for a Ag(I) in 

(0.59 Li, 0.41 K)NO3 Concentration Cell. 

Ag/AgNO3 //Ag(I) in (0.59 Li, 0.41 K)NO3/Ag 
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Figure 7.6 Calculated Liquid Junction Potentials, Ej, for a Ag(I) in 

(0.45 Na, 0.55 K)NO
3 
Concentration Cell. 

Ag/AgNO3 1/ Ag(1) in (0.45 Na, 0.55 K)NO3/Ag 
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7.4 Densities of Nitrate and Sulfate Melts 

The bouyancy method was used to determine the density, as a 

function of temperature, of several binary nitrate melts and the 

ternary sulfate eutectic. Using pure sodium nitrate as a standard, 

the volume of a silver bob (suspended from an electric balance so 

that its weight could be recorded before and after immersion in a 

thermostated melt) was calibrated from 325°C to 475°C. The density, 

D, of the sodium nitrate melt is given as a function of the tempera-

ture by the following equation (2): 

D = 2.320 - 7.5 x 10-4 T (gms cm-3) (7.34)

where T is in degrees Kelvin. The volume of the bob immersed in the 

melt was calculated by dividing the bob's loss of weight, upon immer-

sion in the melt, by the density of the melt at the given tempera-

ture. The results for the calibration of the volume of the silver 

bob are summarized in Table 7.3 and plotted in Figure 7.7. Figure 

7.7 shows no significant difference in the results obtained between 

the heating and cooling portion of the temperature cycle, demonstrat-

ing that complete temperature equilibrium had been reached at each 

measurement. The equation for a least squares straight line fit of 

the data is 

Volume = 3.6916 + 3.2 x 10-4 T°C (cm3) (7.35) 

with a standard deviation of 0.0018 cm3. The loss of weight by the 

silver bob at 550°C in the lithium prtasiim sulfate eutectic (density = 

2.120 gms cm
-3
) (58) was 8.1877 gms which corresponds to a volume of 

3.8621 cm3; this compares favorably to the value of 3.8676 cm3 predicted 

128 



by equation 7.35. 

TABLE 7.3 

VOLUME OF SILVER BOB AS FUNCTION OF TEMPERATURE 

Temperature 
o
C 

Loss of Weight 

gms 

Density of NaNO3

gms cm-3 

Volume of Bob 

cm 3 

327.3 7.1818 1.891 3.7981 

348.6 7.1365 1.876 3.8045 

355.1 7.1143 1.871 3.8024 

371.1 7.0877 1.860 3.8106 

376.4 7.0752 1.856 3.8125 

395.0 7.0387 1.842 3.8208 

397.4 7.0300 1.841 3.8190 

402.0 7.0175 1.838 3.8180 

425.7 6.9682 1.820 3.8287 

428.5 6.9601 1.819 3.8272 

446.8 6.9233 1.805 3.8354 

448.1 6.9261 1.805 3.8372 

470.7 6.8684 1.789 3.8401 
. 

The densities were determined for four binary nitrate melts 

between the temperatures of 200°C and 400°C and the ternary sulfate 

eutectic at 550°C. The density results for the five melts are tabu-

lated in Tables 7.4 to 7.8 and the nitrate densities are plotted in 

Figures 7.8 to 7.11. The data in the nitrate plots (Figures 7.8 to 
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Figure 7.7 Calibration of Silver Bob for Density Measurements. 

The open points were obtained from heating portion of cali-
bration procedure and the solid points from the cooling 
portion. 

130 



7.11) were fitted by a least squares method to the linear equation 

D = a-bx10-4 T°C (7.36) 

where D is the density of the melt at T°C. The values of the parame-

ters (a and h) are given in Table 7.9 along with the standard devia-

tion and the temperature range for each system. 

TABLE 7.4 

DENSITY OF (0.54 Li, 0.46 Na)NO3 EUTECTIC 

Temperature 

oC 

Loss of Weight 

gms 

Volume of Bob 

cm3

Density of Melt 

gms cm-3

207.6 7.0977 3.7580 1.8887 

228.1 7.0500 3.7646 1.8727 

263.9 6.9731 3.7760 1.8467 

284.9 6.9290 3.7828 1.8317 

313.1 6.8745 3.7918 1.8130 

315.0 6.8551 3.7924 1.8076 

334.4 6.8314 3.7986 1.7984 

361.5 6.7583 3.8073 1.7751 

391.0 6.6815 3.8167 1.7506 
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TABLE 7.5 

DENSITY OF (0.41 Li, 0.59 K)NO3 EUTECTIC 

Temperature 

°C 

Loss of Weight 

gms 

Volume of Bob 

cm3

Density of Melt 

gms am-3

158.8 7.3497 3.7424 1.9639 

182.0 7.2769 3.7498 1.9406 

208.9 7.2387 3.7584 1.9260 

244.0 7.1530 3.7697 1.8975 

257.8 7.1215 3.7740 1.8870 

293.7 6.9905 3.7856 1.8466 

317.4 6.9256 3.7932 1.8258 

344.2 6.8495 3.8017 1.8017 

365.1 6.8231 3.8084 1.7916 

399.7 6.7475 3.8195 1.7666 

TABLE 7.6 

DENSITY OF (0.59 Li, 0.41 K)NO3 MIXTURE 

Temperature 

°C 

Loss of Weight 

gms 

Volume of Bob 

cm3

Density of Melt 

gms cm "3 

209.7 7.1254 3.7587 1.8957 

232.1 7.0626 3.7659 1.8754 

265.0 7.0184 3.7764 1.8585 

286.6 6.9049 3.7833 1.8251 

314.4 6.8502 3.7922 1.8064 

344.3 6.7923 3.8018 1.7866 

350.2 6.7596 3.8037 1.7771 

391.8 6.6916 3.8170 1.7531 

418.0 6.6355 3.8254 1.7346 
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TABLE 7.7 

DENSITY OF (0.45 Na, 0.55 K)1\103 EUTECTIC 

Temperature 
oc

Loss of Weight 

gms 
Volume of Bob 

cm3
Density of Melt 

gms cm-3

252.2 7.2911 3.7723 1.9328 

260.0 7.2725 3.7748 1.9266 

268.5 7.2479 3.7775 1.9187 

287.0 7.1956 3.7834 1.9019 

318.2 7.1198 3.7934 1.8769 

357.2 7.1168 3.8059 1.8481 

374.6 6.9880 3.8115 1.8334 

375.6 6.9954 3.8118 1.8352 

401.9 6.9264 3.8202 1.8131 

428.3 6.8756 3.8287 1.7958 

449.8 6.8088 3.8355 1.7752 

476.5 6.7677 3.8440 1.7606 

501.7 6.1769 3.8521 1.7437 

TABLE 7.8 

DENSITY OF (0.78 Li, 0.085 Na, 0.135 K)2504 EUTECTIC 

Temperature 
oC 

Loss of Weight 

gms 

Volume of Bob 

cm3

Density of Melt 

gms cm-3

549.8 8.2135 3.8621 2.1267 

549.9 8.1953 3.8621 2.1222 

550.0 8.2012 3.8621 2.1235 

550.1 8.2064 3.8621 2.1248 

550.2 8.2184 3.8621 2.1280 
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Figure 7.8 Density of (0.54 Li, 0.46 Na)NO3 Eutectic Versus Temperature 
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TABLE 7.9 

DENSITY PARAMETERS FOR THE EQUATION 

D= a-bx10 -4 T°C (gms cm-3) 

Melt a b St. Dev. Temperature Range °C 

0.45 NaNO3 2.122 7.648 0.002 250 - 500 
0.55 KNO3 

0.46 NaNO3
2.042 7.399 0.002 200 - 400 

0.54 LiNO3

0.41 LiNO3

0.59 KNO3 
2.099 8.436 0.005 150 - 400 

0.59 LiNO3

0.41 KNO3
2.058 7.842 0.005 200 - 425 

0.78 Li2SO4

0.085 Na2SO4 2.125 0.002 550 

0.135 K
2
SO
4 

For systems of simple solutions where complexes do not form, 

molar volumes have been found to show only small deviations from 

additivity (57, 58, 70, 318). This fact can be used in the estima-

tion of densities for systems where experimental data are lacking. 

The average molecular weight, Mm, of a mixture composed of two salts 

of molecular weights Mx and My with a common anion or cation is 

given by 

Mm = NxMx N)
 
;My (7.37) 

where N is the mole fraction of the respective salts. The molar 
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volume, V°, of a salt is calculated by dividing its molecular weight 

by its density, 

V° = M/D (7.38' 

and the molar volume of the mixture, V
o
, is given by: 

V
o 

= N V
o 
+ N V

o 
m x x y y 

(7.39) 

Equations 7.37 and 7.39 are combined and simplified to give the 

density of the mixture by the equation: 

D xD 
y xM x y y 
Og + N M ) 

Dm (7.40) 
DNM +DNM 
xyy yxx 

The main objections to this method of calculating the density 

of mixtures is the need to assume ideal behavior (i.e., no complexes 

formed) and to extrapolate the densities of the pure components to 

temperatures below their melting points. For the simple systems 

the deviations between the calculated and experimental densities are 

usually less than + 1% (58). The experimental, calculated and lit-

erature densities for the nitrate mixtures at 300, 350 and 400°C 

are tabulated in Table 7.10. Similar calculations and tabulations 

for two sulfate eutectics at 550°C are also presented in Table 7.10. 

All densities determined experimentally are within 1% of the densi-

ties calculated from the additivity of molar volumes with the experi-

mental densities tending to be slightly lower than the calculated 

values; this was taken as an indication of some interaction between 

the different types of cations disrupting the packing symmetry of 

the ions in the melt. 
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TABLE 7.10 

DENSITIES OF NITRATE AND SULFATE MELTS AT SELECTED TEMPERATURES 

Melt Temperature 
°C 

Densities 
Ref. 

Experimental Calculated Literature 

0.54 LiNO3 
300 1.820 1.832 1.854* 60 

0.46 NaNO3
350 1.783 1.800 1.822* 60 

400 1.746 1.769 1.790* 60 

0.41 LiNO3
300 1.846 1.849 1.877A 59 

0.59 KNO3
350 1.804 1.816 1.838A 59 

400 1.762 1.783 1.790 59 

0.59 LiNO3 
300 1.823 1.824 1.836** 60 

0.41 KNO3
350 1.784 1.793 1.802** 60 

400 1.744 1.761 1.765** 60 

0.45 NaNO3 

0.55 KNO3
300 1.893 1.903 1

AA 
1.89 59 

350 1.854 1.867 

Ail

1.825 59 

400 1.816 1.830 1.758" 59 

0.50 NaNO3
300 - 1.904 1.902 58 

0.50 KNO3
350 __ 1.868 1.864 58 

400 - 1.834 1.825 58 

0.78 Li2SO4

0.085 Na2SO4 550 2.125 2.147 2.2 320 

0.135 K2SO4 

0.80 Li2SO4

0.20 K2504 
550 2.141 2.120 58 

* (0.60 Li, 0.40 Na)NO3

A (0.43 Li, 0.57 K)NO3
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AA (0.47 Na, 0.53 K)NO3 



These results are consistent with the measurements made by 

Powers et al. (319) on several binary alkali metal nitrate mixtures. 

They reported that the deviations, AVE, from the additivity of 
molar volumes were positive and obeyed the approximate equation 

AVE = N1N2V184 (7.41) 
where V1 Z.- 22,000 cm3 mole-1 (7.42) 

(d
1 

- d
2
) 

(d
1 
+ d

2
) 

(7.43) 

d1 = radius of cation + radius of anion of salt 1 (7.44) 
d2 = radius of cation + radius of anion of salt 2 (7.45) 

The value of AVE for the sodium-potassium-nitrate eutectic was 
reported to be 1.05 + 0.32 cm3 mole-1; without applying the AVE 
correction the calculated density of the eutectic at 400°C was 1.830 
gms cm-3, but after correction had been applied it was 1.793 + 0.011 

gms cm
-3 

(a difference of 2.0 + 1.4% between the two calculated den-
sities). The application of the AVE correction term to the calcu-
lations in this study eliminates the tendency for the results to be 

slightly lower than the calculated values. 

The only serious disagreement between the literature and the 

experimental values for the nitrate melts was in the density of the 

sodium-potassium-nitrate eutectic. The density reported by Papakmnnou 

and Harrington (59) at 400°C is 4% below the calculated value and 
3.2% below the value obtained from the current investigation; no 
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apparent reason for this discrepancy could be ascertained from their 

paper. As the experimental results of this study have conformed 

closely to the calculated density, and as the densities in the other 

nitrate melts have agreed with the calculated values, the validity 

of their results must be questioned. 

7.5 Silver Nitrate Activity Coefficients 

The activity coefficients for silver nitrate in several single 

and binary alkali nitrate melts at 300, 350 and 400°C were deter-

mined by measuring the emf of the concentration cell: 

Ag/AgNO3 // Ag(I) in MeNO3/Ag (7.46) 

The emf of the cell is given by: 

E = In (N + Ej (7.47) 

where the mole fraction, N, and activity coefficient, 4, refer to 

the silver nitrate in the right-hand portion of the cell, and the 

liquid junction potential, Ej, was estimated from the data in Fig-

ures 7.1 to 7.6. Equation 7.47 is solved in terms 

= exp 
[F:(E - Ej) 

] 
RT

  In (N 

of 13; to give 

(7.48) 

Several other workers have used this approach to obtain values 

for the activity coefficient of silver nitrate in nitrate melts; how-

ever, their studies were limited to high concentrations of silver 

nitrate (N > 0.05) and they assumed that the liquid junction poten-

tial was zero (cf. chapter 3.4, page 44). Low concentrations of 

silver nitrate (10-4 G N 4 10-2) were used in this study for three 
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reasons: firstly, most electrochemical studies are made in this 

concentration region; secondly, the probability of ideal behavior 

is greater; and, thirdly, whereas at higher concentrations the value 

of the activity coefficient is continually changing, in this region 

it should be a constant. 

At very low silver nitrate concentrations, corrosion of the 

silver electrode in the nitrate melts becomes a serious problem (as 

shown by the deviation from the Nernst slope in Figure 7.12). A 

very small amount of corrosion in very dilute solutions will pro-

duce a relatively large change in the silver concentrations. A 

computer program which simulated the corrosion occurring during the 

experiment was used to correct the raw data from the experimental 

cell for corrosion. In the computation the activity coefficient 

was assumed to be constant for the concentration range of each cal-

culation; such an assumption is justified with the low concentra-

tions. A change in concentration from N1 to N2 produces a correspond-

ing emf change from El to E2 according to the following equations: 

RT 
= In N1 3' 

RT 
E
2 

= In N ar'
2 N 

r (E2 El).1] N2 N1 + (N2 N1) 
exp 

N1 

RT N1 

N2 - N1 

CFF(E2 - El)]Texp   - 1 
R 
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Figure 7.12 Nernst plot at 300°C for the cell: 

Ag/AgNO3 // Ag(I) in (Li,K)NO3/Ag 

The data have not been corrected for corrosion of the 
silver electrode. 
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The observed change in the emf, (E2 El), which results from a change 

in concentration, (N2 - N1), can be used to calculate the initial con-

centration,Ni, using equation 7.52. 

In the actual experiment the change in concentration is the sum 

of the amount of silver(I) generated, G, by coulometric oxidation of 

the silver electrode and the amount,C, due to corrosion. The entire 

corrosion, silver(I) generation and emf measurement cycle is presented 

as a function of time in Figure 7.13. 

I 1 1 1 1 I I J 
0 G1 E1 G2 E2 G3 

E3 G 4 
N1 N2 N3

Figure 7.13 Time Scale for Calculation of 

Silver Corrosion in Nitrate Melts 

At time G1 a concentration of silver nitrate equivalent to a mole 

fraction of G1 is generated coulometrically. After stabilization, 

a potential of E1 is measured at time E1; however, during this time 

period the increase in the silver(I) concentration due to corrosion 

is an amount equivalent to a mole fraction of Cl. The true silver 

concentration, N1, at time El is given by N1 = G1 + C1 since in very 

dilute solutions mole fractions are additive. At time G2, additional 

silver(I) is generated to give a total generated silver(I) concentra-

tion equivalent to a mole fraction of G2. This entire sequence is 
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repeated until the end of the experiment. 

The change in potential, (E2 - El), is produced by a concentra-

tion change of (N2 - N1) which is given by: 

N2 -N1 = G2 + Ci + C2 - G1 - C1

= G2 - G1 + C2 (7.53) 

The value of C2 is unknown; however, it can be by-passed by examin-

ing the potential difference between E
3 

and E
2 

and by assuming C
3 

to be zero. 

N
3 
-N2 = G

3 
+ C

l 
+ C

2 
-G2 -C1 -C2 

= G
3 

- G
2 

(7.54) 

A value for N2 is calculated using equation 7.52 and then substituted 

into equation 7.51 to obtain a value for N1. By assuming C3, instead 

of C2, is zero a second order approximation is made instead of a first 

order. This procedure can be extended to higher orders of approxima-

tion, but calculations have shown that anything beyond second order 

has very little effect on the final answer. The value of C1 is given 

by 

C1 = N1 - Gi (7.55) 

The entire procedure is repeated for each of the points in the 

experimental run except for the last two data points, N
k-1

 and Nk. 

Since a third data point is not available for the calculation, it is 

assumed that C
k 
is zero and the values for N

k-1 
and N

k 
are calcu-

lated using equation 7.51. 

The rate of corrosion for the silver electrode was found to be 

greatly enhanced by the presence of the lithium ion and to be moderately 
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increased by an increase in temperature with the least corrosion 

occurring in the sodium-potassium nitrate eutectic at 300°C. The 

results from the computer program for a typical run are given in 

Table 7.11 and a comparison of the amount of corrosion for several 

systems, as predicted by the computer program and the amount deter-

mined by atomic adsorption is given in Table 7.12. 

TABLE 7.11 

COMPUTER CORRECTION FOR CORROSION OF SILVER ELECTRODE 
IN (0.59 Li, 0.41 K)NO3 MIXTURE AT 300°C 

E -EJ

(volts) 

Gx104 rc = 0) TotalCx104 KC 0) Total C 
x 100 

-0.4151 1.06 2.11 0.298 1.64 2870 

-0.3832 2.12 2.00 0.347 1.72 16% 

-0.3420 5.26 1.86 0.861 1.61 16% 

-0.3094 10.52 1.81 0.832 1.67 8% 

-0.2576 31.56 1.72 2.734 1.58 9% 

-0.2329 52.58 1.70 3.401 1.60 6% 

-0.2168 73.64 1.67 2.482 1.62 3% 

-0.1951 115.7 1.66 2.482 1.62 2% 

G = Total mole fractions of silver(I) generated coulometrically 

C = Total mole fractions of silver(I) calculated due to corrosion 



TABLE 7.12 

CORROSION OF SILVER IN NITRATE MELTS 

Melt Temperature 
oc

G x 104 C x 100 CAA x 100 

G G 

0.59 LiNO3 
0.41 KNO3 

300
115.7 

127.1 

2.1% 

2.5% 

3.0% 

2.0% 

UN°3 400 92.4 

105.3 

3.5% 

5.3% 

3.9% 

4.5% 

0.45 NaNO3 
0.55 KNO3 

300
76.0 

97.5 

0.3% 

0.1% 

0.2% 

-0.3% 

G = total silver(I) generated according to coulometer expressed 
in mole fractions of silver(I) 

C = total silver(I) added to system by corrosion expressed 
in mole fractions of silver(I) as estimated by the com-
puter program 

AAA = total silver(I) added to system by corrosion expressed 
in mole fractions of silver(I) as determined by Atomic 
Absorption. 

Measurement of the rate of silver corrosion in several nitrate 

melts has verified the highly acidic character of the lithium ion 

(380). The present investigation used an experimental cell where 

the average area of the silver electrodes was about 0.8 cm2 and the 

average length of time for the contact of silver with the melt was 

six hours. From these values and the corrosion rates reported by 

Conte and Ingram (98), the total number of mole fractions of sil-

ver(I) introduced into an average cell at 325°C were calculated to 

148 



be 0.37 x 10-4 and 8000 x 10-4 for the sodium-potassium nitrate 

eutectic and the lithium nitrate melts, respectively. For the 

sodium-potassium nitrate melt at 300°C the amount of corrosion 

estimated by the computer (0.23 x 10
-4
) was close to the literature 

value; however, for lithium nitrate the computer estimate of corro-

sion (3.2 x 10-4) was considerably smaller than the value calculated 

from the literature. Since the rate of corrosion will decrease as 

the eilver(I) concentration increases, the difference in the amount 

of corrosion between the two studies is partially accounted for in 

that Conte and Ingram (380) used a larger volume of melt and did 

not add extra silver(I) to their system. Also, the particularly 

large difference for the lithim- ,:crate melt indicates either the 

presence of impurities it the melt used by Conte and Ingram or a 

strong dependence of the corrosion rate in the lithium nitrate melt 

on the concentration of silver(I) ion in the melt. 

The activity coefficient for silver nitrate at 300, 350 and 

400°C in the various nitrate melts (the experimental concentrations 

having been corrected for corrosion) was calculated according to 

equation 7.48 and then plotted in Figures 7.14 to 7.31. Each plot 

in a given solvent and at a given temperature presents the data 

for three to five individual runs with a maximum fluctuation of 

temperature of + 1°C from that given between all the runs. The 

applicable results of previous workers were first corrected for 

the non-zero value of the liquid junction potential and then includ-

ed in the plots of Figures 7.14 through 7.31. 
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Figure 7.14 Activity Coefficient, 1, for Ag(I) in LiNO3 at 300°C. 

The i ' values on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
C)- this investigation, 40 - reference (86). ' 
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Figure 7.15 Activity Coefficient, C/, for Ag(I) in LiNO3 at 350°C 

The Xcalues on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
() - this investigation, 41- reference (86). 
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Figure 7.16 Activity Coefficient, Xfor. Ag(I) in LiNO3 at 400°C 

The values on the molal and molar scales were cal-
culated from the experimental values on the mole 
fraction scale, 
C)- this investigation, 40 - reference (86) 
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Figure 7.17 Activity Coefficient, , for Ag(I) in NaNO3 at 300°C. 

The values on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
--estimated, 0- reference (56). 
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Figure 7.18 Activity Coefficient, i, for Ag(I) in NaNO3 at 350°C. 
The Crvalues on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 

- this investigation, 41 - reference (56). 
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Figure 7.19 Activity Coefficient, 7, for Ag(I) in NaNO3 at 400°C. 

The Grcalues on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
Q - this investigation, 40 - reference (56). 
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Figure 7.20 Activity Coefficient, 2, for Ag(I) in KNO3 at 300°C. 

The values on the molal and molar scales were calculated 
from the experimental values on the riole fraction scale, 
---- estimated, 11 - reference (136). 
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Figure 7.21 Activity Coefficient, 7'; for Ag(I) in KNO3 at 350°C. 
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The -"clues on the molal and molar scales were calculated 

from the experimental values on the mole fraction scale, 
0 - this investigation, II - reference (136). 
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Figure 7.22 Activity Coefficient, 7'; for Ag(I) in KNO3 at 400°C. 
The GKalues on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
C)- this investigation, 41- reference (136). 
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Figure 7.23 Activity Coefficient, 7 for Ag(I) in (Li,Na)NO3 at 300°C. 

The values on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
Q - this investigation, - reference (136). 
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Figure 7.24 Activity Coefficient, 7, for Ag(I) in (Li,Na)NO3 at 350°C. 

The rvalues on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 

C)- this investigation, 41- reference (136). 
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Figure 7.25 Activity Coefficient, 7 /, for Ag(I) in (Li,Na)NO3 at 400°C. 

The rvalues on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
C)- this investigation, 41 - reference (136). 
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Figure 7.26 Activity Coefficient, 7, for Ag(I) in (Li,K)NO3 at 300°C. 

The rvalues on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
C)- this investigation, 41 - reference (136). 
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Figure 7.27 Activity Coefficient, 7 ', for Ag(I) in (Li,K)NO3 at 350°C. 

The Yvalues on the molal and molar scales were calculated 

from the experimental values on the mole fraction scale, 
Q - this investigation, 41- reference (136). 
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Figure 7.28 Activity Coefficient, (3,, for Ag(I) in (Li,K)NO3 at 400°C. 

The Yvalues on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
0 - this investigation, 41 - reference (136). 
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Figure 7.29 Activity Coefficient, r, for Ag(I) in (Na,K)NO3 at 300°C.' 

The (values on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
0 - this investigation, 41- reference (136). 
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Figure 7.30 Activity Coefficient, 7 ', for Ag(I) in (Na,K)NO3 at 350°C. 

The (values on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 
C) - this investigation, 41- reference (136). 
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Figure 7.31 Activity Coefficient, a/l for Ag(I) in (Na,K)NO3 at 400°C. 

The values on the molal and molar scales were calculated 
from the experimental values on the mole fraction scale, 

Q - this investigation, - reference (136). 
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All the plots of 7; vs. log(N) reached a limit as N 0 

and these valueE for 7'N=0 are summarized in Table 7.13. The activ-

ity coefficients on the molal and molar concentration scales were 

calculated using equation 7.16, the Y N=0 values in Table 7.13 and 

the data from Figures 7.14 to 7.31 and then plotted with the mole 

fraction activity curves in Figures 7.14 to 7.31. Since it has been 

shown that molar volumes are additive to + 1%, this characteristic 

of the pure salts plus the density data given by Janz (2) were used 

to obtain the density values required in all the calculations. 

TABLE 7.13 

ACTIVITY COEFFICIENT,* 7.;.0, OF AgNO3
ON MOLE FRACTION SCALE AT INFINITE DILUTION 

Melt Temperature 

+2°C 

-11=0 
Ej = 0 

4=0 
Ej A 0 

W°

cal mole-1
Ej = 0 

W 

cal mole-1
Ej A 0 

wo**

cal mole-1
Ej = 0 

300 2.50 2.24 1043 919 850 

LiNO3 350 2.27 2.15 1015 948 850 

400 2.10 2.08 994 980 850 

300 (2.09) (1.89) (841) (725) 840 

NaNO3 350 1.97 1.84 840 755 840 

400 1.86 1.78 832 772 840 

300 (0.91) (0.54) (-113) (-702) -75 

IV03 350 0.91 0.59 -113 -653 -75 

400 0.93 0.64 -89.1 -597 -75 

300 2.16 1.94 877 755 930 
0.46 LiNO3 

350 1.97 1.85 838 762 930 
0.54 NaNO3

400 1.82 1.77 799 764 930 
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TABLE 7.13--Continued 

Melt Temperature 
+ 2°C 

lo

U N=0 
Ej = 0 

d/ N=0 
Ej k 0 

wo 

cal mole-1
Ej = 0 

W

cal mole-1
E A 0 J 

wo** 

cal mole-1
EJ = 0 

300 2.11 1.64 853 564 —
0.59 LiNO3

350 2.14 1.77 942 707 --
0.41 KNO3

400 2.20 1.91 1057 865 — 

300 1.38 1.01 367 11.3 440 
0.45 NaNO3

350 1.39 1.08 409 95.3 440 
0.55 KNO3

400 1.39 1.12 440 152. 440 

Values in brackets are estimated values due to temperatures 
below the melting point of the solvent. 

* * Reference (136). 

7.6 Comparison of Results with Published Results 

According to the theory of regular solutions, the work constant, 

W, relates the activity coefficient to the mole fraction of the solute 

as expressed by equation 3.80 for values of N < 0.5. 

(1 - N)2W = RT in ?,; (7.56) 

At infinite dilution N = 0, and equation 7.56 reduces to 

W = RT ln (7.57) 

The values for (X' and W for the systems in which the liquid 

junction potential, Ej, is not assum-4.1 to be zero are related to the 

corresponding values f o 

the following derivation. 

and W° when E is assumed to be zero in 
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From equation 7.48 

exp E
RT 
- (E - Ed) - in I\D (7.58) 

r F 
O N 

= exp L_ RT (E) In (7.59) 

These two equations are combined and simplified to give the rela-

tionship between ?(/ and
N 

in the form of 

00 N 

E JF 
exp i RT 

(7.60) 

Equations 7.56 and 7.60 are combined and simplified to relate W°

to W by the equation 

F EJ wo W+ 
2 

(1 - N) 

At infinite dilution (N = 0) equation 7.61 simplifies to 

W° = W+EF = W + 23086 E 

(7.61) 

(7.62) 

Equations 7.57, 7.60 and 7.62 were used to calculate W, W° and 

ro =0 for the nitrate melts in this study and the results are 
tabulated in Table 7,13 with representative values of W° from the 

literature. The experimental values of W° agree with the values 

given by Bakes et al. (136) except those of the lithium nitrate 

and the potassium nitrate solvent systems. Murgulescu and Marchi-

dan (138) report a W° value of 1245 cal mole-1 for the lithium 

nitrate system and Bakes and Guion (137) report a W° value of -150 

cal mole-1 for the potassium nitrate system. These values indicate 

that all of the experimental values of W° are well within the range 

of the W° values reported in the literature. The assumption by 
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most of the previous workers that W° was independent of the tempera-

ture was shown to be incorrect in this work. Ketelaar and Dammers-

de Klerk (120) reported that the value of the work constant in 

dilute solutions of silver nitrate is given by: 

W = a- (X. T (7.63) 

The values for "a" and Hoe' can be obtained from the equations 

reported Dy Kleppa et al. (122) for the total heat of mixing, A 1114, 
and the entropy of mixing, SE, in binary melts. 

A HM

SE 

(a + bN
1 
+ cN

1
N
2
)N
1
N
2 

OCN
1
N
2 

(7.64) 

(7.65) 

Ketelaar and Dammers-de Klerk (120) used a reversible gaseous 

nitrate electrode to eliminate the liquid junction error and their 

values for OC and W are compared with the values from this study 

in Table 7.14; also included are the temperature independent values 

of W based on the heats of mixing determined by Kleppa et al. (122). 

The main difficulty with the approach used by Ketelaar and 

Dammers-de Klerk is the instability of the gaseous nitrate electrode 

since a change of A E in the measured emf will produce a change in 
W, according to the equation 

A w - 23.086 A 
LAE cal mole-1 mV -1

(1-N)
2 

(7.66) 

which was derived from equation 7.61. The estimation of the liquid 

junction potential may be a major source of error in the current 

investigation. 
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TABLE 7.14 

WORK CONSTANT W (CAL MOLE-1) AND COEFFICIENToe_ (CAL MOLE-1 DEG-1) 

FOR BINARY NITRATE MIXTURES AT 350°C 

W = a -0(_,T 

Melt W W W 

AgNO3 in Reference (120) This Work Reference (120) This Work Reference (122) 

LiNO3 -0.37 + 0.08 -0.61 + 0.05 933 + 50 ..... 948 702 

NaNO3 -0.64 + 0.12 -0.47 + 0.15 1076 + 75 755 677 

KNO3 -0.35 + 0.15 -1.05 + 0.10 -85 + 94 -653 -303 

0.46 LiNO3

0.54 NaNO3
-0.09 + 0.05 762 

0.59 LiNO3
-3.01 + 0.15 707 

0.41 KNO
3 

0.45 NaNO
3 -1.41 + 0.20 95.3 

0.55 KNO3

I 



Equation 7.61 combined with the fact that previous workers 

found W to be independent of the silver ion concentration for 

N < 0.5 indicates that EjF/(1 - N)2 should be a onstant for 

N < 0.5. There is no reason why the correction fr'r the liquid 

junction potential should change the behavior 1).. Lae system from 

that of a regular solution to that of a non-regular solution (i.e., 

W = f(N)); therefore, a plot of Ej versus (1-N)2 should yield a 

straight line. The calculated liquid junction potentials for the 

cell 

Ag/AgNO3//Ag(I) in MeNO3/Ag (7.67) 

at 350°C where Me represents the first three alkali metal cations 

were plotted in Figure 7.32 as a function of (1 - N)2 where N is 

the mole fraction of the silver(I) in the right half-cell. The 

three plots exhibited a linear relationship for values of N < 0.5 

and a high degree of curvature for mole fractions of silver nitrate 

greater than 0.5. The curves became linear again for dilute solu-

tions of alkali metal nitrate in silver nitrate. These results 

were expected since the degree of ideal behavior exhibited by each 

ion and its liquid junction potential is directly proportional to 

its concentration in the system. This evidence supports the valid-

ity of this method for estimating the liquid junction potential in 

highly ionized dilute melts. 

The determination of the activity coefficients for several 

metals in halide melts has been reviewed by Blander (1) and Yang 

and Hudson (207). The liquid junction potential was eliminated in 
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Figure 7.32 The Calculated Liquid Junction Potential, Ej, versus 
at 350°C. 

(1 - N)
2

N = mole fraction Ag(I) in a concentration cell of the type 
Ag/AgNO3 1/ Ag(I) in MeNO3/Ag 

For KNO
3 
multiply E by 10. 
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the evaluation of the activity coefficients using the well-established 

halogen gas electrodes in a formation cell of the following type: 

Me 
MeX 
Me'X 1 X2 1 

C (7.68) 

The large scatter in the published results is due to the high degree 

of sensitivity of Ito the measured potential and stability of the 

halogen gas electrodes, which are dependent upon the pretreatment of 

the electrode and the experimental conditions. The value for the 

work constant, W, for silver chloride in sodium chloride is approxi-

mately 800 cal mole-1 which compares well with the 772 cal mole-1

measured for silver nitrate in sodium nitrate. The value of W for 

silver chloride in the lithium-potassium chloride eutectic is reported 

by Yang and Hudson (207) to be 400 cal mole-1 at 550°C and 415 cal 

mole
-1 

at 400°C. The value for W in the corresponding nitrate system 

at 400°C is 865 cal mole-1 which represents a change for 7 '  N=0 from 

1,91 for the nitrate system to 1,76 for the chloride system or a 

change of 8.2%. This difference in the two values for 0 N...0 is 

equivalent to 4.8 millivolts at 400°C. 

The activity coefficient, Or, is proportional to the degree 

of interaction between the solute ions and the solvent ions. The 

thermodynamic quantities involved in the system are interrelated by 

the equation 

RT In a = RT In N „H -M L, s _T --M (7.69) 

where Aft the partial molar heat of mixing, is related to the 
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differeace in the binding energies between the ions in the solution 

and in the pure melts. The partial molar entropy of mixing, A e l, 

is related to the distribution of the various ions in the solution. 

In an ideal solution AIii  = 0 and Ae l = R. In N; therefore, 

is unity at all times. Systems of this nature are very rare. If 

Arh 0 and the ions of the same sign are randomly distributed 

in the solution, as in the Temkin model (124), then the solution is 

a regular solution in which A gm = In N, and RT in 

It is in this type of system that calorimetric and cryoscopic meas-
urements have been used by many workers to determine activity coef-

ficients. 

In a real system, A 0 4 0 and 21L 'S11 I -R In N making it neces-

sary to know a great deal about the nature and structure of the melt 

in order to accurately predict the activity coefficients for the 

system. 

The interaction between the ions in the solution (i.e., the 

activity coefficient) can be interpreted qualitatively in terms of 

the polarizability and polarizing power of each ion. The polariza-

bility of most of the anions is much greater than that of the cations 

in the solution. When two metal ions (Mel and Met) with a common 

anion are mixed and if the polarizing power of each is about the 

same, the cloud of electrons from the anion will be evenly distribu-

ted around the two metals with approximately the same electron density 

as in the individual pure melts. rwill be approximately unity in 

this case since no stable complexes were formed in the mixture as 
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compared to individual pure melts. If Mel has a greater polarizing 

power than Me2, then the electron cloud from the anions will be con-

centrated around the Mel ions and may form a stable complex. The 

complexed Mel ion will be more stable in the solution than in its 

pure melt and it will have a ivalue less than unity. The other 

cation, Me2, will be less stable in the mixture than in its pure 

melt and will have a rvalue greater than unity. The addition of 

a third cation will complicate the interpretation of the system 

since there would be three cations competing for the electron cloud 

around the anions. Normally a weighted averaging effect is observed 

for these systems and the possibility of uneven repulsion energies 

between the cations may cause an uneven distribution of the differ-

ent cations among themselves. 

The polarizing power of an ion is determined primarily by its 

charge, size and electronic configuration. For a given solvent, 

the greater the charge and the smaller the size of the solute ion, 

the greater is its polarizing power and the smaller is its r value. 

The stability of the complex ions decreases with an increase in 

temperature and the environment of the cation approaches that of 

the pure melt as its concentration increases in the solution. It 

has been well verified experimentally that the value of Y, as 

would be expected, approaches unity for both of these conditions. 

Very little work has been done on systems which contain several 

different cations and several different anions, but it would be 

expected that a similar treatment could be applied to those systems. 
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RESULTS AND DISCUSSION 

MIXED SOLVENT JUNCTION POTENTIALS 

8.1 Nitrite//Nitrate Solvent Junction Potential 

The relationship between the emf series in nitrite and nitrate 

melts was determined by examining the following cell at 309 + 2°C: 

Ag/Ag(I) in NaNO2//Ag(I) in NaNO3/Ag (8.1) 

A 0.001 to 0.05 molal silver nitrite in sodium nitrite concentration 

cell was set up to check the behavior and stability of the silver 

electrode. Analysis of the electrode compartments showed 100% cur-

rent efficiency in the coulometric generation of silver(I) in the 

sodium nitrite melt. The Nernst plot for the concentration cell is 

compared to the theoretical slope in Figure 8.1. For temperatures 

less than 320°C and silver concentrations less than 0.015 m,the 

silver electrode was found to be stable and to exhibit ideal behav-

ior. Once decomposition started the reaction became fairly rapid 

accompanied by the evolution of a brown gas (nitrogen dioxide) and 

the formation of a gray precipitate which analysis identified as 

silver metal. The results for the silver nitrite electrode agreed 

with those of Bartlett and Johnson (32). 

The results for a similar check on the silver nitrate in sodium 

nitrate concentration cell are presented in Figure 8.2. The coulo-

metric generation of silver(I) in sodium nitrate was found to be 
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Figure 8.1 AgNO2 in NaNO2 Concentration Cell at 309 + 2° C. 

R = [AgNO
2
] right half cell / [AgNO

2
] reference half cell, 

[AgNO2] reference = 0.00613 molal. 
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Figure 8.2 AgNO3 in NaNO3 Concentration Cell at 309 + 2° C. 

R = [AgNO3] right half cell / EAgNO3] reference half cell, 

CAgNO3] reference = 0.01719 molal 
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100% efficient and the emf showed ideal Nernst behavior for concen-

trations of 0.001 to 0.15 molal at 309 + 2°C. 

Four sintered glass frits of fine porosity were filled with 

sodium nitrite and placed in a sodium nitrate melt to check for 

diffusion through the frit. At staggered time intervals the frits 

were removed from the melt and analyzed for nitrite content with a 

standard oxidation-reduction titration technique. The loss of 

nitrite after four hours was 1% and after 16 hours was 4%; therefore, 

since an average run lasted only three to four hours, it was assumed 

that there was no diffusion of the nitrite through the frit. 

The combined data for four trials at 309 + 2°C for the cell 

Ag/Ag(I) in NaNO2//Ag(I) in NaNO3/Ag (8.2) 

are tabulated in Table 8.1 and plotted in the form of a Nernst plot 

in Figure 8.3. All the cell potentials are given with reference to 

a common reference electrode of 0.030 molal silver(I) in sodium 

nitrate. The experimental slope of 0.1163 V compares well with the 

theoretical slope of 0.1155 V. The standard deviation of the data 

from the theoretical slope is 0.0033 V and the measured standard 

cell potential on the molality scale is 0.2455 V for the cell. The 

estimated liquid junction potential was subtracted from the measured 

standard potential to give the chemical standard potential for the 

cell before calculating the chemical standard cell potential on the 

molar and mole fraction scales using equations 7.21 and 7.24, respec-

tively. The densities of the solvents were given by Janz (2) and 

due to the lack of data on the nitrite system, it was necessary to 
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assume that the activity coefficient, K =0, for silver(I) was the 

same in each solvent. This assumption was warranted sini.e the cat-

ions in both systems are the same and the nature of the anion under-

goes only a minor change (cf. chapter 7.5, page 142). The final 

results are summarized in Table 8.2. 

TABLE 8.1 

POTENTIALS FOR THE SOLVENT CELL 
Ag/Ag(I) in NaNO2//Ag(I) in NaNO3/Ag 

AT 309 + 2°C 

-log tAgNO2] 

molal 

-log EAgNO3] 

molal 

A E* 

mV 

E 

mV 

2.648 1.697 20.4 373.1 

2.548 361.1 

2.449 349.9 

2.333 336.6 

2.246 326.9 

2.149 315.4 

2.049 304.3 

1.949 292.4 

3.038 1.649 14.6 421.2 

2.938 410.2 

2.837 399.0 

2.738 388.0 

2.637 376.7 

2.538 365.4 

2.438 353.2 

2.337 340.9 

2.237 329.8 
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TABLE 8.1--Continued 

-log EAgNO2] 

molal 

-log tAgNO3] A 
molal mV 

E 

mV 

2.138 318.6 

2.039 306.8 

1.939 294.7 

1.838 283.1 

1.737 271.2 

1.636 259.3 

1.537 247.9 

2.880 1.477 -5.4 403.6 

2.780 392.7 

2.679 381.6 

2.580 370.6 

2.480 359.7 

2.379 348.3 

2.280 336.9 

2.180 325.1 

2.081 314.9 

2.701 1.509 1.5 385.2 

2.602 374.1 

2.500 362.0 

2.403 350.5 

2.301 338.3 

2,202 327.0 

2.098 314.5 

2.001 303.4 

* potential added to cell value to convert to 0.030 molal 
AgNO3 reference. 
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Figure 8.3 Nernst Plot at 309° C for the Solvent Cell 

Ag/Ag(I) in NaNO2 //Ag(I) in NaNO3/Ag 

[AgNO3] = 0.030 molal 
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TABLE 8.2 

POTENTIALS AT 309 + 2°C FOR THE CELL: 
Ag/Ag(I) in NaNO2//Ag(I) in NaNO3/Ag 

Number of individual runs 

Experimental slope for Nernst plot, V 

Standard deviation from theoretical 
slope of 0.1155, V 

4 

0.1163 

0.0033 

E
m 
(measured), V 0.2455 

Calculated liquid junction potential, 0.0160 
E V 
J' 

E
m 
(chemical), V 0.230 + 0.003 

Em (chemical), V 0.226 + 0.003 

E
N 
(chemical), V 0.219 + 0.003 

The cation effect on the cell potential was studied by changing 

the solvent from pure sodium nitrate to an equimolar sodium-potassium 

nitrate mixture. The results for the different cells (A and B) at 

309 + 2°C are summarized in Table 8.3, and the result of the combi-

nation of the two cells, i.e., cell (A + B), is the same as the pure 

nitrite-nitrate experimental cell. The combined E° equals 0.238 + 

0.003 V which differs from the directly determined value by 0.008 V 

or 3.5%. 

The standard molar chemical cell potential, 0.226 + 0.003 V, 

expressed as LNG°, the change in Gibbs free energy, is - 5.22 + 

0.07 kcal mole
-1 

for the cell reaction 

NaNO2 + AgNO3 (in NaNO3) = NaNO3

185 

+ AgNO2 (in NaNO2) 

(8.3) 



TABLE 8.3 

SILVER CONCENTRATION CELL WITH DIFFERENT CELL SOLVENTS AT 309 + 2°C. 

NaKNO3 represents a 1:1 mole mixture of NaNO3-KNO3. 

Cell A B A+B 

Cell solvents NaKNO
3
/fRaNO

3 
NaNO

2
//NaKNO

3 
NaNO

2
/ANaNO

3 

Number of individual cells 3 3 

Experimental slope for Nernst 
plot, V 0.1102 0.1210 

Standard deviation from 
theoretical slope of 
0.1155, V 0.0009 0.0018 

E: (measured), V +0.0161 +0.2380 +0.2541 

Calculated liquid junction 
potential, Ej, V -0.0153 +0.0318 +0.0165 

E
o 
(chemical), V +0.0314 + 0.0009 +0.2062 + 0.0018 +0.2376 + 0.0027 

I . 



The following information is taken from papers by Bartlett and 

Johnson (74) and Triaca and Arvia (96), respectively, at a tempera-

ture of 309°C: 

NaNO3 = NaNO2 + 1202 LAGo = 12.96 kcal mole-1
(8.4) 

AgNO3 = Ag + NO2 + 202 A = 4.92 kcal mole
-1 

(8.5) 

The former value is estimated, whereas the latter is calculated 

from thermodynamic tables. As no estimate for the error in these 

two values was given in the literature, a maximum of + 0.1 kcal 

mole-1 was used in the following calculations. The thermodynamic 

tables deal with pure salts and the electrochemical cell measures 

the properties of dilute solutions of the silver salts; therfore, 

the two additional dilution equations must be considered: 

AgNO3 = AgNO3 (in NaNO3) 

I II 

(8.6) 

and AgNO2 = AgNO2 (in NaNO
2
) (8.7) 

III IV 

The PAG value for reaction 8.6 is given by 

G RT In 
r4,114II -1 

(8.8) 
r1;

I 
MI 

where I represents pure silver nitrate and II represents a very 

dilute solution of silver nitrate in sodium nitrate. The molarity, 

MI, of pure silver nitrate is given by 

1000 D 
- 

Mwt MI 
(8.9) 

where Mwt is the molecular weight and D is the density of the silver 
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nitrate at the given temperature T. The value of i m is given by 
II 

the definition 

and 
I 
is given by equation 7.16 which is simplified to 

1 D Mwt(solvent) 

Mwt 
6=0 (solvent) 

(8.10) 

(8.11) 

when I is pure silver nitrate. Equations 8.9 and 8.11 are substi-

tuted into 8.8 to give 

AG(8.6) = RT In 
III K=0 (in NaNO3)Mwt(NaNO3) 

1000 D(NaNO3) 

(8.12) 

and by a similar argument the AG for reaction 8.7 is given by 

E
M
IV );=0 (in NaNO2)

Mwt
(NaNO2)

0G (8.7) = RT 
In 

1000 D 
(NaNO2) 

(8.13) 

The combination of reactions (8.3) + (8.6) - (8.7) gives the reac-

tion 

NaNO2 AgNO3 = NaNO3 AgNO2 (8.14) 

and a evalue of 

AGO 
(8.14) 

L\GO (8.14) 

A 

A 

G • G
o 

(8.3) (8.7) G(8.6) 
(8.15)

p6=0 (in NaNO3)Mwt(NaNO3)D(NaN0i" 
G
o 

▪ RT In 
(8.3) ic=0 (in NaNO2)Mwt(NaNO2)D(NaNO3

(8.16) 
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where MIT = 
MTV 

since Q G
(8.3) 

is used to represent the observed 

free energy change in reaction 8.3. By combining the two equations 

(7.21 and 7.24) used to interrelate the standard cell potentials 

with equation 8.15 it can be shown that 

A GO (8.14) - n F EN (8.17) 

where E
o is the standard chemical cell potential on the mole frac-

tion scale. Therefore, G(°8.14) is -5.05 + 0.07 kcal mole-1 at 

at 309 t2°C. 

Using equations 8.4 and 8.5 in conjunction with the equation 

for the experimental nitrite-nitrate cell (8.14), AG° can be 
estimated for the decomposition of silver nitrite at 309°C 

AgNO2 = NO2 Ag AG° = -3.0 + 0.3 kcal mole-1
Since the cell temperature was approximately 170°C above the listed 

decomposition temperature, a small negative value was anticipated. 

Unfortunately, there were no data available in the literature with 

which to compare the new value for the decomposition of silver 

nitrite. 

No attempt was made to determine the temperature dependence of 

the nitrite-nitrate cell emf since the temperature range from the 

melting point of sodium nitrate (302°C) to the upper limit of the 

silver nitrite/silver electrode (approximately 320°C) was very 

limited. The lower temperature limit could have been decreased to 

220°C by replacing the sodium nitrate with the sodium-potassium 

nitrate eutectic; however, this would have introduced a change in 
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cations across the solvent junction and invalidated the assumption 

that J"r' 
N=0 

for dilute solutions of silver(I) is the same in both 

melts, thereby preventing any thermodynamic calculations. 

8.2 Nitrite-Nitrate//Nitrate Solvent Junction Potential 

A series of cells were examined in which the solvent was pure 

sodium nitrate in one electrode compartment and a mixture of sodium 

nitrate and sodium nitrite in the other. The standard potentials 

at 309 + 2°C based on the molality scale for the cell 

Ag/Ag(I) in NaNO3(100-X), NaNO2(X)//Ag(I) in NaNO3/Ag 

(8.19) 

are summarized in Table 8.4 wLare X is the mole percent of sodium 

nitrite in the working electrode compartment. The results are 

plotted in Figure 8.4 in two forms: line 1 was potential versus 

mole percent sodium nitrite and line 2 was potential versus log(mole 

percent sodium nitrite). The solid points represent experimental 

points and the open points in line 2 were obtained interpolation 

of the data on line 1. The portion of line 2 between 10 and 80 mole 

percent of sodium nitrite was fitted to a least squares straight 

line with a standard deviation of + 0.003 volts. 

E° = +0.119 - 0.170 log(X) 10 4.5 X 80 (8.20) 

It is interesting to note that the slope 0.170 has the same 

value as 2.303 RT/pF at 309°C with i? = 2/3. That )9 is the 

same simple ratio as that of the oxygen atoms in nitrite to nitrate 

may be merely a fortuitous coincidence or it may indicate some 
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TABLE 8.4 

STANDARD POTENTIALS AT 309 + 2°C FOR THE CELL: 

Ag/Ag(I) in NaNO3(100-X), 1‘4Y02(X)//Ag(I) (0.030 m) in NaNO3/Ag 

X is the mole percent NaNO2 in the left half cell. 

Mole percent (X) 

Number of individual cells 

Experimental slope for Nernst 

0 

1 

10 

3 

25 

3 

50 

3 

73 

2 

100 

4 

plot, V 0.1160 0.1256 0.1224 0.1113 0.1140 0.116_ 

Standard deviation from 
theoretical slope of 
0.1155, V 0.0001 0.0023 0.0026 0.0011 0.0008 0.0033 

E° (measured), V 0.0000 0.0550 0.1229 0.1739 0.2067 0.2455 

Calculated liquid junction 
potential, E1, V 0.0000 0.0017 0.0042 0.0086 0.0117 0.0160 

E° (chemical), V 0.0000 0.0533 0.1187 0.1653 0.1950 0.2295 
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Figure 8.4 Standard Potential at 309°C for the Solvent Cell: 
Ag/Ag(I) in (N)NaNO2 + (100-10NaNO3 // Ag(I) in NaNO3/Ag 

1 - Potential versus mole percent NaNO2, (N) 

2 - Potential versus log(Mole percent NaNO2) 

41 - experimental points, C) - interpolated from line 1 
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underlying relationship, not apparent at present. This relation-

ship would make possible the determination of large concentrations 

of nitrite in a nitrate melt by using a silver nitrate reference 

electrode and a silver electrode in the unknown melt. 

8.3 Chloride//Nitrate Solvent Junction Potential 

The emf series in the chloride and nitrate melts were correla-

ted at 400 + 2°C by examining the cell: 

Ag/Ag(I) in (1,1,K)C1//Ag(I) in (Li,K)NO3/Ag (8.21) 

The lithium ion:potassium ion ratio was 0.59:0.41 in both melts and 

is the same as that in the lithium-potassium chloride eutectic. A 

procedure similar to that used in chapter 8.1 was used to check the 

behavior of the silver(I)/silver electrode in each of the melts at 

400°C. The Nernst plot for the silver chloride concentration cell 

(Figure 8.5) and the silver nitrate concentration cell (Figure 8.6) 

exhibited ideal behavior for both melts for molal concentrations of 

0.001 to 0.1. Analysis for silver(I) in the electrode compartments 

showed 100% current efficiency in the coulometric generation of 

silver(I) in both melts. Due to the higher initial silver concen-

trations (approximately a factor of 10) in these cells compared to 

those used in the activity coefficient measurements (chapter 7.5, 

page 142) and absence of the long periods (two to three hours) of 

contact between the silver electrode and very dilute silver nitrate 

solutions, the corrosion of the silver electrodes did not present 

a problem in these measurements as it did in the previous measure-

ments (chapter 7.5). 
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Figure 8.5 AgOl in (Li,K)C1 Concentration Cell at 400 + 2° C. 

R = [AgCl] right half cell / NCO reference half cell, 

[44] reference = 0.00987 molal. 
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Figure 8.6 AgNO3 in (Li,K)NO3 Concentration Cell at 400 + 2°C 

R = [AgNO3] right half cell / [AgNO3] reference half cell, 

[AgNO3] reference = 0.02212 molal 
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Analysis of the chloride electrode compartment found from 10 

to 15 mole percent nitrate in the chloride melt after three to four 

hours when the two melts were separated by a single sintered glass 

frit of fine porosity. The mole percent of nitrate was reduced to 

less than 1% when a double fritted chloride electrode compartment 

was used and the small compartment between the two frits was ini-

tially filled with just the chloride melt. 

The observed potentials at 400 + 2°C for the cell 

Ag/Ag(I) in (Li,K)Cl//Ag(I) in (Li,K)NO3/Ag (8.22) 

with respect to a common 0.030 molal silver nitrate reference elec-

trode have been tabulated in Table 8.5 for five of the individual 

runs made on the cell. The data presented in Figure 8.7 in the form 

of a Nernst plot and with a least squares slope of 0.1338 volts 

shows a close agreement with the theoretical value of 0.1336 volts. 

The results for the chloride-nitrate cell are summarized in 

Table 8.6 and the activity coefficients used in the calculation of 

FN were = 2.04 (207) for the chloride melt and r=0 = 
1.91 

(Table 7.13, page 168) for the nitrate melt. The density for the 

chloride melt was given by Janz (2) and the density for the nitrate 

melt was taken from Table 7.10 (page 140). 

The temperature dependence of the cell was calculated by 

determining the standard cell potentials from 365°C (5°C above the 

melting point of the chloride eutectic) to 450°C; at higher tempera-

tures the nitrate cell became unstable. The results are summarized 

in Table 8.7 and plotted in Figure 8.8. dE/dT at 400°C has the same 
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value on all of the concentration scales and is (4.4 + 0.5) x 10-4

volt deg-1. 

TABLE 8.5 

POTENTIALS AT 400 + 2°C FOR THE SOLVENT CELL: 

Ag/Ag(I) in (Li,K)C1//Ag(I) in (Li,K)NO3/Ag 

-log &gCl] 

molal 

-log &gNO
3
] 

molal 

i E*

mV 

E 

mV 

1.9133 1.4165 -14.2 739.1 

1.8128 726.7 

1.7127 713.6 

1.6112 700.1 

1.0447 621.9 

0.9451 609.0 

0.8445 595.4 

0.7474 582.7 

1.5297 1.6715 19.9 688.1 

1.4288 675.1 

1.3281 662.7 

1.2280 648.2 

1.1288 635.9 

1.0275 621.6 

2.0145 1.5003 -3.0 751.6 

1.9144 738.4 

1.8157 725.6 

1.7161 710.6 

1.6151 696.3 
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TABLE 8.5--Continued 

-log [AgCl] 

molal 

-log DkgNO3] 

molal 

A E" 

mV 

E 

mV 

1.5145 682.6 

1.4146 670.0 

1.3137 657.1 

1.2146 644.0 

1.9967 1.6017 10.5 752.4 

1.8970 736.4 

1.6966 708.9 

1.5967 696.2 

1.6130 1.9131 52.1 699.6 

1.6130 1.8076 38.0 699.1 

1.6130 1.7105 25.1 698.6 

1.6130 1.5998 10.3 697.6 

1.6130 1.4033 -16.0 697.9 

1.6130 1.2146 -41.2 698.0 

1.6130 1.0038 -69.4 698.5 

* potential added to cell value to convert to 0.030 molal 
AgNO3 reference 
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Figure 8.7 Nernst Plot at 400° C for the Solvent Cell: 
Ag/Ag(I) in (Li,K)C1 I/ Ag(I) in (Li,K)NO3/Ag 

[AgN033 = 0.030 molal 
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TABLE 8.6 

POTENTIALS AT 400 + 2°C FOR THE CELL: 

Ag/Ag(I) in (Li,K)Cl//Ag(I) in (Li,K)NO3/Ag 

Number of individual runs 5 

Experimental slope for Nernst 
plot, V 

0.1338 

Standard deviation from 
theoretical slope of 

0.0015 

0.1336, V 

E° (measured), V 0.687 

Calculated liquid junction 
potential, Ej, V 

-0.003 

, 
Em
o
 
(chemical), V 

EM (chemical), V 

0.690 

0.682 

+ 0.002 

+ 0.002 

EN (chemical), V 0.668 + 0.002 

TABLE 8.7 

TEMPERATURE DEPENDENCE OF THE POTENTIAL OF THE SOLVENT CELL: 

Ag/Ag(I) in (Li,K)C1//Ag(I) in (Li,K)NO3/Ag 

Number of trials Temperature (+ 2°C) E° (mV) 
m 

2 365 674 + 5 

3 380 683 + 2 

5 400 690 + 2 

2 425 697 + 5 

1 450 717 + 8 
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dT 

TABLE 8.7 --Continued 

dEm -4 = (4.7 + 1.2) x 10 volt deg-1 

dEl°1 dE; dEi°11,

dT dT dT 
at 400°C 

The electrolytic cell represents the chemical reaction: 

0.59 LiC1 + 0.41 KC1 + AgNO3 = 0.59 LiNO3 + 0.41 KNO3 AgCl 

(8.23) 

which has a standard chemical cell potential, EN, of 0.668 + 0.002 

volts at 400 + 2°C or a change in Gibbs free energy, ZN G°, of -15.4 

+ 0.05 kcal mole
-1
. The use of the cell potential based on the mole 

fraction scale has been discussed and justified in chapter 8.1. It 

was assumed that the free energies of mixing in the formation of the 

alkali nitrate solvent and the alkali chloride solvent are identical. 

The data required to check this assumption are not available in the 

literature. A value for Q G°673 was calculated from published ther-

modynamic values (96, 117, 172, 209) and found to be -16.0 + 1.0 

kcal mole
-1
. The large error in the calculated value comes from the 

estimation of AG° for lithium nitrate (117) since there are no 
exact thermodynamic measurements available. The experimental dE/dT 

of (4.7 + 1.2) x 10-4 volts for the cell agreed well with the cal-

culated value of (5.0 + 4.0) x 10-4 volts (96, 117, 172, 209) for 

the temperature interval from 350 to 400°C. 

200 



720 

700 

E
o 

mV 

680 

660 

S 

S 

350 375 400 425 450 
TEMPERATURE°C 

Figure 8.8 Temperature Dependence of the Potential for the Solvent Cell: 

Ag/Ag(I) in (Li,K)Cl // Ag(I) in (Li,K)NO3/Ag 
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Several attempts were made to measure the potential of a cell 

containing alkali nitrate as one solvent and a mixture of alkali 

nitrate and alkali chloride as the solvent in the other compartment. 

The Nernst plot of the data from these cells exhibited a slope far 

below the theoretical value of 0.1336 volts at 400°C. The initially 

clear mixed chloride nitrate melt became cloudy when silver(I) was 

added to the melt and the intensity of the cloudiness increased as 

the amount of silver(I) was increased. This precipitate was attribu-

ted to the formation of insoluble silver chloride and since the field 

of silver halide complexes in molten nitrates have been extensively 

reported in the literature (99, 103, 118, 127, 142, 144-147), the 

investigations on this system were discontinued. 

8.4 Chloride//Sulfate Solvent Junction Potential 

The solvent junction potential between the chloride and the 

sulfate melts at 550°C was determined by examining the cell: 

Ag/Ag(I) in (Li,K)Cl//Ag(I) in (Li,Na,K)2SO4/Ag (8.24) 

The binary chloride eutectic (0.59 LiC1, 0.41 KC1) and the ternary 

sulfate eutectic (0.78 Li2SO4, 0.085 Na2SO4, 0.135 K2SO4) were used 

despite the slight difference in the ratios between the cations in 

the two melts. The low melting points of the two eutectics permit-

ted the use of Pyrex glass (annealing point: approximately 565°C) 

throughout the system without necessitating a more elaborate system 

made of Vycor or quartz. In order to check for ideal behavior of 

the silver electrode in each of the melts, concentration cells were 
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set up and the data plotted in Figures 8.9 and 8.10 confirm this 

property according to the Nernst equation. Analysis for silver(I) 

in the electrode compartments verified 1007 current efficiency in 

the coulometric generation of the silver(I) in each of the melts. 

Analysis also showed no appreciable diffusion of the sulfate melt 

had occurred through a sintered glass frit of fine porosity into 

the chloride melt after four to five hours. 

The data for the cell 

Ag/Ag(I) in (Li,K)Cl//Ag(I) in (Li,Na,K)2SO4/Ag (8.25) 

at 550 + 2°C are summarized in Table 8.8 and plotted in the form of 

a Nernst plot in Figure 8.11. All the potentials are expressed in 

terms of a common 0.030 molal silver(I)/silver reference electrode 

in the alkali sulfate melt. The results for the chloride-sulfate 

cell are summarized in Table 8.9. The conductivity data required 

for the calculation of the liquid junction potential for the ternary 

sulfate and the silver sulfate melts were not available in the litera-

ture, thus only the measured standard cell potentials could be report-

ed. The values for the silver activity coefficients used in the 

conversion of the standard cell potential to the mole fraction scale 

were ?/' N=0 = 1.76 for the chloride melt (207) and unity for the sul-

fate melt. The assumption that the silver ion exhibits ideal behav-

ior in the sulfate melt was necessitated by a lack of the required 

activity data in the literature. A value of =0 = 0.85 has been 

measured in the binary sulfate eutectic (0.8 Li2SO4 + 0.2 K2SO4) 

(321) by adding potassium chloride to a dilute silver sulfate so,ation 
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at 600 to 700°C. The dissimilarities between the system used in this 

study and the system used by Woolner and Hill (321) prevented the use 

of their Yvalue in this study. 

TABLE 8.8 

POTENTIALS AT 550 + 2°C FOR THE SOLVENT CELL: 

Ag/Ag(I) in (Li,K)C1//Ag(I) in (Li,Na,K)2SO4/Ag 

-log [AgCl] 

molal 

-log(2 [Ag2SO4] ) 

molal 

.P.0* 
mV 

E 

mV 

1.4838 1.3819 -23.0 710.5 

1.3830 695.7 

1.2821 679.2 

1.1829 661.8 

1.0807 645.2 

0.9556 625.4 

0.9556 1.2061 -51.7 625.4 

2.0558 1.5627 6.5 801.2 

1.9555 787.1 

1.8538 771.9 

1.7558 755.5 

1.6561 739.3 

1.5555 720.4 

1.4559 704.5 

1.3552 686.1 

1.2454 669.5 

2.0297 1.3164 33.7 801.5 

1.9290 785.7 
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TABLE 8.8--Continued 

-log [AgCl] 

molal 

-log(2 EAg2SO4: ) 

molal 

LE" 
mV 

E 
mV 

1.8294 768.2 

1.7293 752.2 

1.6294 734.9 

1.5283 718.8 

1.4263 701.5 

1.3285 686.4 

2.0015 1.2983 36.7 798.9 

1.9010 782.3 

1.8006 765.5 

1.7016 749.5 

1.6015 733.1 

1.5005 715.0 

1.4010 699.7 

1.3007 683.6 

1.6213 1.8593 54.9 733.0 

1.6213 1.7589 38.5 732.8 

1.6213 1.6499 20.7 732.1 

1.6213 1.5525 4.8 733.0 

1.6213 1.4532 11.4 734.0 

1.6213 1.3493 28.3 734.8 

1.6213 1.2501 44.5 733.9 

* potential added to cell value to convert to 0,015 molal 
Ag2SO4 reference 

207 



800 

760 

E 
mV 

720 

680 

640 

1•1•111MO 

1.0 1.2 1.4 1.6 
- LOG EAgCl] 

Figure 8.11 Nernst Plot at 550° C for the Solvent Cell: 

Ag/Ag(I) in (Li,K)C1 I/ Ag(I) in (Li,Na,K)2SO4/Ag 

[Ag2S041 = 0.015 molal 

208 

1.8 2.0 



The standard measured cell potential on the mole fraction scale, 

expressed as the change in Gibbs free energy, is 

AG° = -17.5 + 0.5 kcal mole-1 (8.26) 

and represents the change in free energy at 550 + 2°C for the chemi-

cal reaction 

kAg2SO4 + MeC1 = (Me)2SO4 + AgC1 (8.27)

where Me is a mixture of the first three alkali metals. In the 

literature on sulfate melts there are insufficient thermodynamic 

data to permit the calculation of Q  G for the cell reaction. 

Ozeryanaya et al. (309) studied the cell 

C/C12/(Na,K)C1//(Na,K)2CO3/CO2, 02/Pt (8.28) 

for temperatures from 770 to 1000°C and the extrapolation of their 

results to 550°C gives a potential of -0.973 volts. Bartlett and 

Johnson (287) report the potential of the cell 

Pt/CO2, 02/(Li,Na)2CO3//Ag(I) in (Li,Na,K)2SO4/Ag (8.29) 

is +0.727 volts on the mole fraction scale. 

TABLE 8.9 

POTENTIALS AT 550 + 2°C FOR THE CELL: 

Ag/Ag(I) in (Li,K)C1//Ag(I) in (Li,Na,K)2SO4/Ag 

Number of individual runs 

Experimental slope for Nernst 
plot, V 

Standard deviation from theoretical 
slope of 0.1633 volts, V 

E° (measured), V 
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TABLE 8.9--Continued 

Calculated liquid junction 
potential, Ej, V 

Data not avaliable 

E° (measured), V 
m 

0.717 + 0.002 

Et,1 (measured), V 0.690 + 0.002 

E
o 
(measured), V 0.757 + 0.002 

The potential at 550°C of the cell 

Ag/Ag(I) in (Li,K)C1/C12/C (8.30) 

is reported to be +0.8855 volts by Yang and Hudson (207, 208). The 

combination of these three cells (8.28, 8.29 and 8.30) is equivalent 

to the chloride-sulfate solvent cell measured in this investigation. 

The potential from the three combined cells is 0.640 volts as com-

pared to the 0.757 volts given in Table 8.9. The difference between 

the two values may be due to the extrapolation of the results for 

cell 8.28 to a temperature 220 C° below the experimental temperatures 

involved in the original experiment. 

Preliminary tests showed that the silver, alkali metal-chloride, 

sulfate system formed two immiscible layers in the liquid state, 

which was consistent with previous reports (274, 322); therefore, no 

attempt was made to study a cell using a mixture of sulfate and 

chloride melts as one of the solvents. The melting point of 512°C 

for the sulfate eutectic and the upper limit of 560°C for the useful 

working temperature range for Pyrex glass prevented any meaningful 

dE/dT studies on this system. 
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9. RESULTS AND DISCUSSION 

NITRATE THERMOCELLS 

9.1 Seebeck Coefficient for Silver Nitrate 

The Seebeck coefficient, for pure silver nitrate at tempera-

ture

T'

T is given by E4 = (dE/dT)T (the initial thermoelectric power) 
for the cell 

Ag / AgNO3 / Ag (9.1) 

T - li PAT T + 1-i. AT 
where the sign of E,,°r is the same as that of the hot electrode. The 

Seebeck coefficient, C T, at temperature T for the cell 

Ag / Ag(I) in (Na,K)NO3 / Ag (9.2) 

T JiAT T + z Lr\T 

is also given by C T = (dE/dT)T except that the data must be extrapo-
lated back to time equals zero to avoid including the emf due to the 

Soret effect in the measured 6T value. To avoid the Soret effect 

a special cell was used which maintained two isothermal fritted com-

partments at T - k AT and T + z AT so that the temperature 
gradient occurred only in the melt between the two half cells. The 

potential of several cells of uniform composition with a 25 to 50°C 

temperature gradient were monitored for periods of six to ten hours 

and the emf remained constant to + 0.05 millivolts, thus illustrat-

ing the absence of any Soret effect. 

The measured 6 T for the dilute silver nitrate thermocell can 
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be related to the e° for the pure silver nitrate thermal cell by 
considering the sum of the following three cells: 

Ag / Ag(I) in (Na,K)NO3 // AgNO3 /Ag E
1 

(9.3) 

T - ZQT T - z AO T 

Ag / AgNO3 / Ag E2 (9.4) 

T -?QT T + ZaT 

Ag / AgNO3 // Ag(I) in (ga,K)NO3 /Ag E3 (9.5) 

T+ 2 Q T T+ 

-11(T - 15 T) 
EI = ln N F

E
2 

E
3 
= R(T + 1/2 AT)

F 
ln N r+ 

(9.6) 

(9.7) 

(9.8) 

N is the mole fraction of silver nitrate in the dilute thermal cell; 

Er' is the silver nitrate activity coefficient at concentration N 

and temperature T - k Q T and 14- is the corresponding coefficient 
at the hot electrode at the temperature T + z QT. The observed 
emf for the dilute thermal cell, C T AT, is given by the sum of 
the potentials for the three cells (9.3 to 9.5). 

ETLT 

CT AT 

= El + E2 + E3 

= 8 T° Z\T -"T 64T) In N 

R(T + AT) 
In N 0 
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6T 
c,0 A R PAT in N R(T -SOT) 

LAT + In 

R(T + AT) 
In o (9.11) 

At low silver nitrate concentrations (N < 0.5) the following 

relations hold (equations 3.101 and 3.102, page 54): 

RT In = (1 - N)2WT (9.12) 

RT in = (1 - N)2 (a - 0( T) (9.13) 

and equation 9.11 simplifies to: 

or 

6 AT = 60 T - 1\1)2 
- 

T 
(9.14) 

do R ln N d..(1 - N)2 
(9.15) 

The activity coefficient, T ir, is related to the partial excess free 

A 41 
energy of mixing LAGi by the relationship 

RT in = Ell 

The definition of Gibbs free energy at constant temperature 

Ae= AG _ T pe 

(9.16) 

(9.17) 

is used with equation 9.16 to relate rwith the partial enthalpy 

-E 
of mixing, Hi, and the partial excess entropy of mixing, S. . 

R in f - r 
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The partial excess entropy is related to the concentrations (120) 

by 

Q SE = 0(.(1 - N)2 (9.19) 

and when equations 9.15, 9.18 and 9.19 are combined, the result 

6 0 R in N R y A fim 
T 

= 6 
T F F FT 

(9.20) 

is identical to that derived by Dupuy (166) from the theory of 

thermoelectric cells. 

The value of 014.-in the sodium-potassium nitrate eutectic is 

-1.41 (Table 7.14, page 172) and according to equation 9,15 the C T
should vary with the silver nitrate concentration according to 

1/41 T T 
= no R ln N 1.41 (1 - N)20  + 

F 
(9.21) 

9.2 Dependence of Seebeck Coefficient on Concentration and 

Temperature 

Each run consisted of taking AT through the cycle 0 --is + 50 
—Zs 0 -40. - 50 -is 0°C where P T was defined as the temperature of 
the right-hand electrode less that of the left-hand electrode. The 

temperature controllers were adjusted such that the average tempera-

ture of the cell kept constant to + 2°C with an average of eight to 

ten points being recorded per run. The temperatures and emf were 

recorded only after they had remained stable at + 0.5°C and 0.05 mV, 

respectively, for a period of 15 minutes. 

The results from two runs at 275 + 2°C and a 0.2 mole fraction 

silver nitrate are presented in Figure 9.1. The least squares fit 
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of the data in Figure 9.1 has a slope of-31 V deg-1 and a standard 

deviation in the measured emf of 0.62 mV. The results for the deter-

mination of C T as a function of 
350 + 2°C are given in Table 9.1 

the results for dilute solutions 

the silver nitrate concentration at 

and plotted in Figure 9.2 along with 

of silver nitrate in sodium nitrate 

(170, 324) and in potassium nitrate (324). The curve predicted by 

equation 9.21 using a value of-32 2AL V deg-1 for 6,7, was compared 
with the results in Figure 9.2. Theo 

o
 value was obtained by the 

extrapolation of the results in Figure 9.2 to N = 1. The experi-

mental curve remained constant for values of N greater than 0.2 and 

it was only for the very dilute solutions < 0.1) that the experi-

mental curve began to rise as predicted by the theoretical curve. 

The results for the sodium-potassium nitrate eutectic lie about 

mid -way between the published results for the two single salt sol-

vents. The results for silver nitrate in lithium nitrate (164) were 

closer to the theoretical curve (equation 9.15) than those for any 

of the previously mentioned systems; however, Dupuy (166) did not 

state how the activity coefficient values used in the calculations 

were obtained. No apparent reason for these discrepancies could be 

formulated or found in the literature. Several runs were made in 

which the silver nitrate in the cell was restricted to the fritted 

electrode compartments and the thermal gradient was applied to the 

pure solvent. The thermal emfs were unstable and irreproducible 

with an average value of -90 + 5gA4-V deg-1 for the initial thermo-

electric power for the system. The small negative value for 6 in 
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the pure solvent may account for some of the deviations from the 

theoretical values for the dilute silver nitrate solutions. For-

tunately, only the 6 Tfor pure silver nitrate was required for the 
correlation of the emf series at different temperatures and there 

was substantial agreement in the published work (169) on the value 

of CT°' 

TABLE 9.1 

SEEBECK COEFFICIENT AS A FUNCTION OF 
SILVER NITRATE CONCENTRATION AT 350 + 2°C 

Number of Runs NAgNO3 -6350 

.,,AA.V deg-1

2 0.852 324 

2 0.698 323 

3 0.560 320 

3 0.401 317 

3 0.309 320 

4 0.200 315 

4 0.110 345 

0
, 

It has been reported in several papers that t; increases by 

as much as 0.05% deg-1 with an increase in the average temperature 

of the thermocell (169). The results for the determination of 

as a function of temperature are given in Table 9.2. The maximum 

possible error in the experimental values of c, was estimated to 

be + V deg-1. 
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The linear equation of least squares best fit for the data is 

E,° = -277.5 - 0.136 T°C S/14V deg-1) (9.22) 

with a standard deviation of 1.4../ca deg-1. The experimental increase, 

„o 
in CT of 0.0427 deg-1 agreed with the previously determined values 

(169). 

TABLE 9.2 

no 
VALUES OF O T AS A FUNCTION OF TEMPERATURE 

_0 
Temperature (1 o T 
+ 2°C + 5, V deg-1

275 314 

300 320 

325 321 

350 325 

9.3 Calculation of Thermoelectric emfs in Nitrate and Chloride 

Melts 

In order to evaluate the thermal emf, ETi/T2, of the silver 

ci o 
nitrate cell between temperatures T1 and T2, the dependence of Ci T

on the temperature as given in equation 9.22 necessitates the fol-

lowing integration: 

EN(T1/T2)(AgNO3) = dT 
T 

„ 0 2 
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E
N
(T

1
iT
2
)(AgNO

3
) = (-277.5 (T1 - T

2
) -0.0680 (T

 
- T

2
)) 

1

x 10-6 V (23C) (9.24) 

The E
N
(T

1
/T
2
)(AgNO

3
) potential is based on the mole fraction scale 

and the conversion of the thermal emf to the molal and molar scales 

requires consideration of the following concentration cells at T1

and T
2 

where the silver(I) concentrations are unity on the concen-

tration scale being considered. 

Ag/Ag(I) in MeNO3/tAgNO3/Ag 

T1 

AgtAgNO3//Ag(I) in MeNO3/Ag 

T
2 

El

E" 

(9.25) 

(9.26) 

From the interrelationships between the concentration scales in 

Table 7.1 (page 114) and the Nernst equation for concentration cells, 

the potentials E' and E" are given by 

RT1
Em l = - - 

F
-4-. In Nm 

i. 111 
d/;,1 (9.27) 

1

E" = RT2 
F 

in Nmi n (9.28) 
m 

for the molality scale and 

m2 

E l = 
RT1 

Erb  In Nm
1 
TN

M1 

RT2
E" = 

F 
In NM

2 M2

(9.29) 

(9.30) 

for the molarity scale. The values of N and NM at temperature 
ml 1 

T1 are given by: 
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and 

Mwt 
Nm1 

- 
1000 + Mwt 

Nm 
Mwt 

1 1000 DT 
1 
+ Mwt - Mwt* 

(9.31) 

(9.32) 

where DT 
1 
is the density of the solution at T1, Mwt is the molecular 

weight of the solvent and Mwt* is the molecular weight of the solute. 

7; represents the activity coefficient of the electroactive solute 
M1 

in the given solvent at concentration N and temperature T1. 

The thermal emf on the molal scale is given by 

and by 

Em(TT/T2) (Ag(I) in MeNO3) = EN(T1/T2)(AgNO3) + E; + Eg 
(9.33) 

Em(Ti/T2)(Ag(I) in MeNO3) = EN(Tl/T2)(AgNO3) + EA + E4 

(9.34) 

for the molarity scale. 

Metz and Seifert (168) reported that the Seebeck coefficient 

for a pure silver chloride cell using silver electrodes was given 

by 

6 ° = -381 + 7.89 x 10-3 T (°C) deg 

The thermal emf of the silver chloride cell operating between the 

temperatures of T1 °C and T2 

E
N
(T

1
/T
2
)(Ag

C
1) = 

Oc is given by 

dT (9.36) 

E
N
(T

1
/T
2
)(AgC1) = (-381 (T1 - T

2
) - 0.00394 (T

 
T
2
)) 

1 2 

x 10-6 V (T°C) (9.37) 
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A set of equations similar to those used for the nitrate melts (9.27 

to 9.34) must be used to calculate the thermal emfs on the molal and 

molar scales for the chloride melt. 

If it should be necessary to use the thermal equations at tem-

peratures below the melting point of the pure silver salt, the salt 

is assumed to be a super-cooled liquid at the low temperature. This 

assumption is valid since the same assumption was made in the case 

of the mole fraction scale to the isothermal cells at the same tem-

perature. The use of these equations will permit the correlation of 

all the melts studied over the temperature range from 86°C to 550°C. 

As pointed out by Schnelbaum and Sundheim (165), the determina-

tion of the transported entropy and heat of transport of the silver 

ion requires both the initial thermoelectric power and the Seebeck 

coefficient, as well as the final thermoelectric emf which is realized 

after the Soret effect reaches equilibrium. Since only the initial 

thermal emf was required in this study, the work on the thermal cell 

was not expanded to include the Soret effect. 
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10. RESULTS AND DISCUSSION 

GAS ELECTRODES 

10.1 The Emf of the Silver-Platinum Thermocouple in the Gas 

Electrode Systems 

A determination was made of the thermoelectric power, 6 
(Ag-PO' 

of the silver-platinum thermocouple in order to correct for the 

silver-platinum thermoelectric emf present in the silver(I)/silver 

gas electrode (platinum) circuit (168). The thermoelectric emf was 

not present in previous silver concentration cells because identical 

material was used for both electrodes; however, silver and platinum 

were used in the gas electrode cells to connect the external electri-

cal circuit at room temperature with the electrodes immersed in the 

melt. This produces a thermoelectric emf equivalent to a silver-

platinum-silver thermocouple with one junction at room temperature 

(25 + 3°C) and the other at the temperature of the melt. A thermo-

stated sodium-potassium nitrate eutectic melt and a calibrated chromel-

alumel thermocouple were used to calibrate a silver-platinum thermo-

couple with a reference junction at 00C. The data from the silver-

platinum thermocouple (Figure 10.1) were fitted using five different 

polynomials varying in order from one to five. The standard devia-

tion for each fit is given in Table 10.1. 
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TABLE 10.1 

POLYNOMIAL FIT FOR THE ENE OF THE Ag-Pt THERMOCOUPLE 
AS A FUNCTION OF THE TEMPERATURE 

Order Standard Deviation (mV) 

1 0.381 

2 0.040 

3 0.021 

4 0.021 

5 33.86 

The third and fourth order polynomials gave the best fits for 

the data and for convenience the third order polynomial was chosen 

to interpolate the emf of Lhe silver-platinum thermocouple by the 

equation: 

emf (mV, Ag "+") = 0.0004 + 5.11 x 10-3 (T) + 2.09 x 10-5 (T2) 

- 9.74 x 10
-9 

(T
3
), (°C) (10.1) 

The emf of the thermocouple at temperatures relative to the gas 

electrode systems were calculated and are summarized in Table 10.2. 

TABLE 10.2 

THE EMF OF THE Ag - Pt THERMOCOUPLE 
WITH A REFERENCE JUNCTION AT 0°C 

Temperature (C°) Emf (Ag "+") 

mV 

25 0.14 

250 2.43 

270 2.71 

300 3.15 

350 3.93 

400 4.76 

550 7.51 
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The tabulated results (Table 10.2) are consistently about 0.1 mV 

greater than the published values (325) which were given only at 

100 deg.:ee intervals. 

The value of dE/dT for the thermocouple is 5. V deg-1 at 

25°C and 16...6A.V deg-1 at 400°C; therefore, any fluctuation of 2 

or 3 degrees in the room temperature or cell temperature can be 

neglected in the calculation of the thermocouple emf. 

The observed emf, E', for the cell 

Ag/Ag(I) in (Na,K)NO3/NO2, 02/Pt (10.2) 

operating at the temperature, T, is equal to the sum of the poten-

tials of the chemical cell, E, and the silver-platinum thermocouple, 

E(Ag-PW at the temperature, T, and a reference junction at room 

temperature (25°C). For a cell at 400°C, E
(Ag-Pt) 

= -4.62 mV and 

the chemical potential of the cell after correction for the thermo-

couple effect is given by: 

E = E' - E
(Ag-Pt) 

(10.3) 

E = E' + 0.0046 V (10.4) 

The values for E(Ag _pt) in Table 10.2 and equation 10.3 have been 

used throughout the remainder of chapter 10 to correct all of the 

gas electrode potentials. 

10.2 The NO
2
-/ /Pt Gas Electrode 

The gaseous nitrite electrode, NO2 /NO2/13t, was tested at 270 

+ 2°C using the experimental cell: 

Ag/Ag(I) in NaNO2//NaNO2/NO2/Pt (10.5) 
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The 0.00883 molal silver(I)/silver reference electrode was generated 

coulometrically in a separate fritted compartment to protect the sil-

ver from the nitrogen dioxide. The cell emf showed an erratic response 

to a change in the partial pressure of the nitrogen dioxide. Both 

the flow rate of the gas mixture (NO2 + N2) and the length of time 

that the electrode had been in the melt affected the potential of 

the cell. Reproducible results could not be obtained for any given 

pressure of nitrogen dioxide. The results from a typical cell at 

270 + 2°C are compared to the ideal slope predicted by the Nernst 

equation in Figure 10.2. The results were also plotted in Figure 

10.3 in the form of emf versus sequence of measurements. Figures 

10.2 and 10.3 show that the behavior of the gaseous nitrite electrode 

bears no resemblance to that predicted by the Nernst equation and 

that the emf increases steadily with time except when there is a 

major change in the partial pressure of the nitrogen dioxide (cf. 

the PNO change from 0.369 to 0.385 atmospheres between the last 
2

two points in Figure 10.3). 

The observed emf at 270°C for the cell: 

Ag/Ag(I)(0.00883 
NaNO2//NaNO2/NO2 /P t 

(P=0.658 atm) 
(10.6) 

was about +0.170 volts or 0.190 volts after correction (to one atmos-

phere) for the partial pressure of the nitrogen dioxide. In chapter 

8.1 (page 178) the emf of the silver nitrite formation cell 

Ag/AgNO2/NO2/Pt (10.7) 

was found to be -0.130 volts at 309°C. This cell was combined with 
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a silver nitrite concentration cell 

Ag/Ag(I)
(0.00883 

m
) 

in NaNO2//AgNO2/Ag E = +0.336 
(10.8) 

to give a value of +0.206 volts for a cell similar (except for an 

increase of 39°C) to the experimental cell: 

Ag/Ag(1)
(0.00883 m) in NaNO2//NaNO2/NO2/Pt (10.9) 

The 16 millivolt difference between the two values for the dilute 

silver nitrite formation cell is insignificant when compared to the 

erratic behavior of the emf of the gas electrode. 

Calandra and Arvia (44) reported a potential of -0.268 volts 

at 270°C for the cell: 

Ag/Ag(I)
(0,0341 m) 

in (Na,K)NO3//NaNO2/NO2 /pt 
(P = 1 atm)

(10.10) 

The combination of this cell with a silver concentration cell using 

the activities from chapter 7.5 (page 142), 

n (Na,K)NO3/Ag 3/iNg(I)(0.0341 m) aN0 
Ag/Ag(1)(0.00883 m)

in 
 

N

E = +0.059 V (10.11) 

and the solvent junction cell from chapter 8.1,(page 178), 

Ag/Ag(I) in NaNO2//Ag(I) in NaNO3/Ag 

E = +0.230 V (10.12) 

gave a potential of +0.021 volts at 309°C for the experimental 

silver nitrite formation cell (10.4). The value calculated from 

Calandra and Arvia's nitrate-nitrite cell differs by as much as 

185 mV from the other two determinations and makes the data from 

their cell suspect. 

230 



The chemical reaction between the nitrogen dioxide and the 

nitrite ion 

NO2(g) + NO2  = NO(g) + NO3  (10.13) 

has been verified by several workers (37, 40, 45) and this side reac-

tion may account for the observed time dependency of the emf of the 

nitrite gas electrode. It does not appear possible to develop any 

practical gaseous nitrite electrode and the spurious potentials that 

are observed have very little if any thermodynamic meaning. 

10.3 The NO3-/NO2,  02  /Pt Gas Electrode 

The behavior of the gaseous nitrate electrode was tested by 

studying the experimental cell 

Ag/Ag(I) in (ga,K)NO3//(Na,K)NO3/NO2, 02/Pt (10.14) 

in the temperature range of 250 to 325°C. The silver(I) was gener-

ated coulometrically in a separate fritted electrode compartment 

to protect the silver from the gas electrode and all of the recorded 

potentials were adjusted to a common 0.030 molal reference electrode 

by adding the factor 

RT (  C 
f 41`0.030' (10.15) 

where C is the molal concentration of the silver nitrate in the 

compartment. 

Gold was used in place of the platinum as the metal in the gas 

electrode for some of the measurements but there was no substantial 

difference in the results for the two metals. 
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The formation potential of the silver nitrate formation cell 

and the slope of the Nernst plot were found to be a function of the 

total flow rate of the gases passing through the electrode. The 

results for several different flow rates after correction for the 

silver-platinum thermocouple effect (chapter 10.1, page 223) were 

tabulated in Table 10.3 and plotted in Figure 10.4. The Figure shows 

that at low flow rates the emf of the cell becomes independent of 

the flow rate. A total flow rate of 100 x 10
-6 moles minute was 

used in the remainder of the experiments. 

TABLE 10.3 

POTENTIALS AT 270 + 2°C FOR THE CELL: 

Ag/Ag(I) (0.030 m) in (Na,K)NO3//(Na,K)NO3/NO2, 02/Pt 

Number of 
Individual 

Total gas flow rate Slope of Nernst 
plot 

E°

Cells . -1 moles minute ̀l  106 V mV 

1 300 -0.0903 667 + 10 

1 200 -0.0995 586 + 5 

2 150 -0.1089 558 + 3 

3 100 -0,1102 I 552 + 2 

The results for the formation cell at 270 + 2°C are tabulated 

in Table 10.4 and presented as a Nernst plot in Figure 10.5 after 

the silver-platinum thermocouple potential (2.6 mV) correction had 

been applied to the observed values. The Nernst equation for the 

experimental nitrate formation cell is: 
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TABLE 10.4 

CELL POTENTIALS AT 270 + 2 °C FOR THE CELL: 

Ag/Ag(I)(0.03 m) in (Na,K)NO3//(Na,K)NO3/NO2, 02/Pt 

(Total gas flow rate = 100 x 10-6 moles minute-1) 

P
N2 
atm 

P
NO2 
atm 

Po 
2 

atm 

-log E p]
NO2 02

-log EAg(I 

molal 

A E*

mV 

E 

mV 

0.330 0.489 0.119 0.770 -1.4084 12.3 468.8 

0.026 0.733 0.179 0.507 498.0 

0.129 0.630 0.179 0.573 488.9 

0.278 0.481 0.179 0.690 474.4 

0.190 0.480 0.268 0.603 488.7 

0.103 0.480 0.355 0.542 494.2 

0.000 0.484 0.454 0.485 497.3 

0.336 0.482 0.120 0.775 468.3 

0.117 0.688 0.146 0.580 -1.5732 -5.4 488.9 

0.036 0.754 0.161 0.519 497.4 

0.184 0.632 0.135 0.634 482.0 

0.101 0.740 0.110 G.610 489.1 

0.077 0.685 0.189 C.526 497.2 



TABLE 10.4- -Continued 

P
N 
2 

atm 

P
NO 
2 

atm 

P
o 
2 

atm 

-log LPNO2 0 P] -log :Aga.] 

molal 

Ai' 
mV 

E 

mV 

0.104 

0.138 

0.118 

0.256 

0.099 

0.007 

0.094 

0.000 

0.117 

0.193 

0.608 

0.487 

0.709 

0.363 

0.519 

0.616 

0.610 

0.631 

0.623 

0.628 

0.239 

0.326 

0.124 

0.324 

0.325 

0.320 

0.239 

0.312 

0.203 

0.122 

0.527 

0.556 

0.603 

0.683 

0.527 

0.456 

0.524 

0.451 

0.549 

0.657 

-1.5330 -1.1 

498.1 

490.0 

483.9 

474.7 

496.9 

502.9 

492.2 

501.5 

495.0 

484.5 

* potential added to cell value to convert to 0.030 molal AgNO3 reference 
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E° 
RT 

In 
II: (0.030) 
P P

2 

NO2 02 

(10.16) 

where Yrm is the silver activity coefficient for a 0.030 molal silver 

nitrate in the sodium-potassium nitrate eutectic at temperature T. 

The experimental least squares slope of -0.1103 volts is in agree-

ment with the ideal slope of -0.1077 volts and the standard nitrate 

electrode potential with respect to the 0.03 molal silver(I) refer-

ence electrode at 270 + 2°C is 0.552 + 0.002 volts. The experimental 

cell potential was converted into the three standard formation cell 

potentials using the activity data in chapter 7.5 (page 142) and 

equations 7.27 and 7.28. The results are summarized in Table 10.5 

along with the results for the cell at several other temperatures 

(the silver-platinum thermocouple emf has been corrected for). 

the calculated E° values in Table 10.5 for the reaction 

Ag + NO2 + 1/202 = AgNO3 (10.17) 

were derived from published thermodynamic data in the literature 

(95, 175-177). The experimental E° and the calculated E° for the 

chemical reaction 10.17 were in substantial agreement, thus verify-

ing the thermodynamic use of the gaseous nitrate electrode and the 

4....0 values determined in chapter 7.5. The plot of Etc‘; versus tem-

perature in Figure 10.6 gave a value of -0.00203 V deg-1 for dE/dT 

for the silver nitrate formation cell at 300°C. 

The nitrogen dioxide dissociates at elevated temperatures 

according to the reaction 

NO2 = 1/202 + NO (10.18) 
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TABLE 10.5 

STANDARD CELL POTENTIALS FOR THE CELL 

Ag/Ag(I) in (Na,K)NO3//(Na,K)NO3/NO2, 02/Pt 

AS A FUNCTION OF TEMPERATURE (TOTAL GAS 
FLOW RATE OF 100 x 10-6 moles minute-1) 

Number of 
determinations 

Temperature
+ 2°C 

K.0  FMo
+ 3 mV ..... 

4 
+ 3 mV 

0 
EN

+ 3 mV ..... 

0 
Ecalcu l 

mV
ated 

2 250 0.95 443 473 334 332.6 

3 270 0.97 403 434 291 291.1 

2 300 1.01 344 376 228 229.6 

2 350 1.08 252 285 129 128.0 

3 400 1.12 159 194 28 28.5 
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EN 
mV 
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Figure 10.6 Standard Potential of Silver Nitrate Formation Cell Versus 
Temperature 

[! EN

I] 
= -0.00203 V deg-1

dT o 
300 C 
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The rate of this relatively slow reaction has been measured by 

Bodenstein (326) and by Rosser and Wise (181). From their results 

it can be concluded that the dissociation of nitrogen dioxide under 

the conditions (e.g., of residence time) prevailing in the experi-

ments can be neglected. 

There was close agreement between the results for the nitrate 

electrode in pure silver nitrate reported by Ketelaar and Dammers-

de Klerk (174) and the thermodynamic values; however, there was a 

considerable difference between their experimental set-up and the 

flow meters used in this investigation. To obtain the desired mix-

ture of gases they saturated the oxygen stream with nitrogen tetrox-

ide and then partially condensed the nitrogen tetroxide out in a 

cold trap. The degree of dissociation of nitrogen tetroxide into 

nitrogen dioxide and the vapor pressure of the two species must be 

known as a fuaction of Lhe temputaLure of the cold trap in order to 

interpret the results of this system. All their measurements were 

made at a constant gas mixture and the electrode was never tested 

according to the Nernst equation by varying the partial pressures 

of the two gases. Their electrode quickly reached its equilibrium 

emf value and remained constant for long periods of time which is 

consistent with the results for the electrode in this study. Both 

of their electrodes and the one in this study were tested for rever-

sibility by subjection to a short pulse of electric current. After 

the current was switched off, the polarization due to electrolysis 

vanished completely and tha emf of the cell was rapidly restored to 

its original equilibrium value. 
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Triaca and Arvia (96) have reported an emf for a nitrate elec-

trode in molten silver nitrate which agreed with the thermodynamic 

value. Their nitrate electrode was formed by electrolysis of the 

nitrate melt 

NO3- = NO2 + 202 + e (10.19) 

and the emf of the cell was recorded after the current was turned 

off. As long as the composition of the gas mixture remained con-

stant, so did the emf, but it was destroyed at a faster rate by the 

bubbling of nitrogen around the anode than by the bubbling of oxy-

gen. In their calculations the total pressure of the 2:1 ratio of 

nitrogen dioxide and oxygen was assumed to be one atmosphere. As 

the oxidation of the nitrate ion has been the subject of controversy 

(chapter 3.2, page 23), their results should first be verified by 

other independent workers before being accepted. 

The advantages inherent in the system used for this study were 

an ease of construction and a means of independently varying the 

partial pressures of each gas, including an inert gas. This allows 

the verification of the ideal Nernst behavior of the electrode and 

the use of a much more versatile electrode system. 

10.4 The SO/12 /03, 02/Pt Gas Electrode 

The experimental cell 

Ag/Ag(I) in (Li,Na,K)2SO4//(Li,Na,K)2SO4/S03, 02/Pt 

(10.20) 

was used to develop and test the gaseous sulfate electrode in the 
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ternary eutectic at 550 + 2°C. A procedure similar to that for the 

gaseous nitrate electrode (chapter 10.3, page 231) was used in the 

operation of the gaseous sulfate electrode. The flow rate of the 

gases through the gas electrode affected the formation potential, 

E°, of the silver sulfate cell less than it did in the correspond-

ing nitrate cell. Preliminary trials showed the E° value to be 

independent of the flow rate provided the total flow rate was less 

than 300 x 10-6 mules minute
-1
; therefore, flow rates in the range 

of 100 to 22pLmoles minute71 were used in the remainder of the mea-

surements. 

The gas electrode required approximately 15 to 30 minutes to 

stabilize after each change in the sulfur trioxide-oxygen gas ratio. 

To test the overall stability of the electrode, a constant gas mix-

ture was passed through the gas electrode for 5 hours during which 

time the potential remained constant to + 3 millivolts for the entire 

period. The gas electrode was shorted out for periods up to 5 seconds 

using a third counter platinum electrode and within one to two minutes 

after, the potential of the silver sulfate formation cell would re-

establish itself at the original value. These facts established the 

gaseous sulfate electrode as a stable and reversible reference elec-

trode in sulfate melts. 

The results for the silver sulfate cell at 550 + 2°C are tabu-

lated in Table 10.6. The potentials have been adjusted to a 1.0 

molal silver(I)/silver reference electrode and corrected for the 

thermocouple emf of 7.4 mV (chapter 10.1, page 223). The least 
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squares slope of the Nernst plot (Figure 10.7) of the data in Table 

10.6 is 0.08357 and the standard deviation of the points is 0.0020 

volts from the theoretical slope of 0.08165 volts. Equations 7.27 

and 7.28 were used to calculate the formation potentials on the 

molar and mole fraction concentration scales; however, the lack of 

data on the activity of silver(I) in the sulfate melts necessitated 

the assumption of ideal behavior in all the calculations. The re-

sults of these calculations are summarized in Table 10.7. 

TABLE 10.6 

POTENTIALS AT 550 + 2°C FOR THE CELL: 

AglAg(I)(1.0 m) in (Li,Na,K)2SO4//(Li,Na,K)2SO4/S03, 02/Pt 

(Total gas flow rate = (100 to 200) x 10-6 moles minute-1) 

SO3 
atm 

PO2 
atm 

-log [I P 
SO Pl.3 021 

E 

mV 

0.600 

0.572 

0.416 

0.422 

0.428 

0.633 

0.600 

0.552 

0.453 

0.373 

0.390 

0.390 

0.350 

0.378 

0.534 

0.528 

0.522 

0.317 

0.350 

0.398 

0.497 

0.577 

0.560 

0.267 
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0.4497 

0.4538 

0.5171 

0.5109 

0.5097 

0.4481 

0.4497 

0.4581 

0.4957 

0.5477 

0.5348 

0.6956 

737.9 

736.6 

729.6 

729.3 

735.2 

736.2 

736.6 

740.2 

735.0 

735.0 

732.2 

719.0 



TABLE 10.6--Continued 

PSO 3 
atm 

PO 
2 

atm 

-log ['
SO 

P 2
3 

0 21 
E 

mV 

0.606 0.154* 0.6237 720.0 

0.842 0.108 0.5580 727.7 

0.706 0.022* 0.9800 692.9 

0.761 0.036* 0.8423 705.1 

* The oxygen was diluted with nitrogen to obtain lower oxygen 
pressures. 

TABLE 10.7 

POTENTIALS AT 550 + 2°C FOR THE CELL: 

Ag/Ag(I) in (Li,Na,K)2SO4//(Li,Na,K)2SO4/S03, 02/Pt 

m 
measured), V 0.767 + 0.002 

Thermocouple correction, V 
E(Ag-Pt) 0.0074 

E° (chemical), V 
m 

0.774 + 0.002 

E° (chemical), V 0.827 + 0.002 

(chemical), V 0.575 + 0.002 

Hauffe and Hoeffgen (276) reported an experimental value of 

0.555 volts and a calculated value of 0.508 volts for the formation 

of silver sulfate which compared well with the EN value (cf. Table 

10.7) of 0.575 volts at 550°C. They assumed the activity coefficient 
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to be unity and operated their cell (containing solid "tempered" 

pellets of pure silver sulfate) at 600°C; this assumption and the 

50 C° difference between their cell and the one used in this study 

is most probably the source of discrepancy between the two results. 

From polarographic analysis of the alkali sulfate melts, the oxida-

tion of the sulfate anion has been reported (by Liu (264) using the 

binary sulfate eutectic at 625°C and by Johnson and Laitinen (261) 

using the ternary sulfate eutectic at 550°C) to occur between +0.6 

and +0.9 volts versus a 1.0 molal silver(I)/silver reference elec-

trode. The Em value of 0.774 volts (Table 10.7) lies in the middle 

of the polarographic results and thus supports their validity. Unfor-

tunately, the thermodyna,' data necessary to the calculation of the 

free energy value for the formation of silver sulfate at 550°C was 

not available in the literature; however, the E° from Table 10.7 

gave a value of 

A G° 0 = -26.6 + 0.1 kcal mole-1550 C 
for the reaction 

2Ag + SO3 + 1/202 = Ag2SO4

10.5 The H(I)/H2/Pt Gas Electrode 

(10.21) 

(10.22) 

A C1-AH2, HC1/Pt gas electrode in the lithium potassium chloride 

eutectic at 450°C has been developed by Laitinen and Plambeck (196). 

The electrode consisted of a mixture of hydrogen and hydrogen chlo-

ride gas bubbled over a platinum flag immersed in the chloride melt. 
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The combination of this electrode with a chlorine electrode produces 

a hydrogen chloride formation cell 

H2, HC1/(Li,K)C1/C12 (10.23) 

The standard cell potentials, regardless of concentration scale, are 

E
400 = 

1.013 + 0.006 V (10.24) 

E
450 

1.016 + 0.005 V (10.25) 

E
550 = 

dE° o 
450 C

1.023 + 0.006 V 

-1 
= (0.070 + 0.011) x 10

-3 V deg 

(10.26) 

(10.27) 
dT 

and these values compare very well with the thermodynamic values. 

Unfortunately, this electrode is a hydrogen chloride/hydrogen 

gas electrode rather than a hydrogen(I)/hydrogen gas electrode. The 

experimental electrode reaction consists of two separate reactions: 

H(I) + c — 
lYc1
2 (10.28) 

HC1 = H(I) + Cl- (10.29) 

The concentration of the hydrogen ion produced by equation 

10.29 can be calculated from the solubility of hydrogen chloride in 

the chloride melt providea the dissolved hydrogen chloride is totally 

ionized in the melt. The rapid ionization of gaseous acids in melts 

has been verified by the conclusions of Haug and Albright (327) in 

their study of the kinetics of the reaction between nitric acid 

vapors and chloride melts to form hydrogen chloride and the corre-

sponding reaction between hydrogen chloride and nitrate melts to 

form nitric acid. Ukshe and Devijatkin (251, 252) have measured 
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the solubility of hydrogen chloride in the pure alkali metal chlo-

ride melts and a melt containing various proportions of sodium chlo-

ride in potassium chloride. By extrapolating their data, the mole 

fraction concentration of hydrogen chloride in the melt at several 

temperatures was calculated to be 

= 3.0 x 10-5 P (10.30) N
400°c (atm.) 

= 6.5 x 10-5 P(atm.) (10.31) N450°C 

N5500C = 2.3 x 10 P(atm.) (10.32)

The hydrogen(I) concentration is given by 

D(I)] = K PHC1 
and the electrode potential is given by 

o RT DM] o RT K HClP 
E = EN F -  

In
 — E - In 

(PH 
N F (PH

H
2
)-2 

2 

(10.33) 

(10.34) 

The electrode potential for the hydrogen chloride gas electrode 

(196) is related to the gas pressures by 

P
HC1 

E = E FT HC1 F 
- -- In 

(PH ) 2
2 

(10.35) 

and the difference between the two standard electrode potentials is 

E
o 

= E
HC1 
° 

FT 
In K 

The standard cell potentials for the cell 

(10.36) 

H2/H(I) in (Li,K)C1//(Li,K)Cl/C12/C (10.37) 

were calculated from the data for the hydrogen chloride formation 
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cell using equations 7.27, 7.28 and 10.36 on the assumption that 

K.,0 for the hydrogen ion was unity. The results are summarized 

in Table 10.8. 

TABLE 10.8 

STANDARD CELL POTENTIALS FOR THE CELL: 

H2/H(I) in (Li,K)C1//(Li,K)C1/ C12/C 

Temperature (°C) E° (V) Em Et°, (V) E131. (V) 

400 0.577 0.602 +0.409 

450 0.595 0.620 +0.415 

550 0.634 0.660 +0.429 

The standard cell potentials for the silver chloride formation 

cell have been reported by Yang and Hudson (207) for the mole frac-

tion scale as a function of temperature. These potentials were con-

verted to corresponding values on the other concentration scales 

using equations 7.24 and 7.25 and the N=0 values determined from 

emf data (207). The lesults are tabulated in Table 10.9 and have 

been combined with the data from Table 10.8 to give the standard 

potentials (Table 10.10) for the cell: 

Ag/Ag(I) in (Li,K)C1 // H(I) in (Li,K)C1/H2/Pt (10.38) 

The data in Table 10.10 and the silver solvent junction potentials 

make possible the direct correlation of the hydrogen(I)/hydrogen 

gas electrode with any emf series it the nitrate and chloride melts 
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at 400°C, and the sulfate, chloride and carbonate melts at 550°C. 

The combination of the hydrogen gas electrode with a gas electrode 

which is reversible to one of the oxyanions provides a direct mea-

sure for the formation potential of that oxyacid. This aspect of 

the project will be discussed more fully in chapter 11 (page 252). 

TABLE 10.9 

STANDARD CELL POTENTIALS FOR THE CELL: 

Ag/Ag(I) in (Li,K)C1 // (Li,K)Cl/C12/C 

Temperature (°C) 
K=0 

E° (V) EM (V) EN (V) 

400 2.04 1.056 1.081 0.929 

450 1.93 1.054 1.079 0.915 

550 1.76 1.051 1 1.077 0.886 

TABLE 10.10 

STANDARD CELL POTENTIALS FOR THE CELL: 

Ag/Ag(I) in (Li,K)C1 // H(I) in (Li,K)C1/H2/Pt 

Temperature (°C) Em (V) E° (V) 
Di 

E°N (V) 

400 0.479 0.479 0.520 

450 0.459 0.459 0.500 

550 0.417 0.417 0.457 

It is interesting to compare the results for the silver chlo-

ride cell in lithium potassium chloride at 450°C (Table 10.9) with 
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those tabulated by Plambeck (20). The comparison (Table 10.11) 

shows the literature values to be about 1.57 low for the molal and 

molar scales and 7% low on the mole fraction scale. The difference 

in the E° is due to the different definitions for the standard states 
N 

of the mole fraction scale. Plambeck's value is based on the defini-

tion that r- 1 as N 0,whereas the definition used in this 

work and by many other workers (36, 133-137, 187) is that Ili> 1 

as N —> 1 and filo K =0 as N O. The difference for the 

other two scales should be zero. the error may be due to the assump-

tion that the activity of the chloride ion is the same in the silver 

chloride melt as it is in the lithium potassium chloride eutectic or 

a small error in the value of K. 0 for the silver chloride in the 

chloride eutectic. The error is equivalent to a change in r_0 

from 1.93 to 2.08. The latter is probably the source of the largest 

portion of error since a change of only 4.7 millivolts will produce 

a change in r =0 from 1.93 to 2.08 and the normal error in each half N

cell potential is + 2 millivolts. 

TABLE 10.11 

STANDARD CELL POTENTIALS AT 450°C FOR THE CELL: 

Ag/Ag(I) in (Li,K)C1 // (Li,K)C1/C12/C 

Source of data Table 10.9 Plambeck (20) % Difference 

E° V 
m 

1.054 1.033 2.0 

E° V 1.079 1.065 1.3 
M 

EN V 0.915 0.853 7.0 
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11. CONCLUSIONS AND DISCUSSION 

11.1 Summary of Results 

In this study the potentials of the silver(I)/silver electrode 

and several gaseous electrodes have been determined as a function of 

the nature of the fused salt solvent and the temperature of the elec-

trochemical cell. In the literature review on the electrochemistry 

of fused alkali metal salts (chapters 2 through 6) a major portion 

was devoted to the nitrate melts to complement the published reviews 

on other fused salt systems. The densities (Table 7.9, page 138) 

and si r nitrate activity coefficients (Table 7.13, page 160 for 

the pure and the binary mixtures of the lithium, sodium and potassium 

nitrate salts were measured in the temperature range of 200 to 400°C. 

Previously published silver nitrate activity coefficients, Y, for 

the mole fraction scale are compared with the values from this study 

along with the calculated values for the molar and molal concentra-

tion scales in Figures 7.14 - 7.31 (pages 150 - 167). The silver 

nitrate exhibited a positive deviation from ideality (i.e., 1) 

in the nitrate solvents containing lithium ions, a negative devia-

tion (i.e., 4( < 1) in the potassium nitrate solvent and almost 

ideal behavior (i.e., r= I) in the sodium-potassium nitrate eutec-

tic. The advantage of the latter is further heightened by the fact 
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that most of the electrochemistry in nitrate melts has been carried 

out in the sodium-potassium nitrate eutectic. The results for the 

thermoelectric measurements in the silver nitrate-sodium-potassium 

nitrate eutectic system (Figure 9.2, page 218) are about mid-way 

between the published results which cite either the pure sodium or 

the pure potassium nitrate as the solvent. The published potentials 

for the silver nitrate formation cell were substantially close to 

the experimental values obtained (Table 10.5, page 238) using a new 

design for the gaseous nitrate electrode, 

NO
3

/NO
2' 
0
2
/Pt (11.1) 

and a versatile gas control system which allowed the independent 

variation of the partial pressures of the nitrogen dioxide and oxy-

gen by introducing a known amount of an inert gas (nitrogen) into 

the gas mixture. 

The emf series in two different melts can be correlated by 

examining a solvent cell of the type: 

Ag/Ag(I) in X //Ag(I) in Y/Ag (11.2) 

The nitrite//nitrate solvent cell at 309°C (Table 8.2, page 185), 

the nitrate//chloride solvent cell at 400°C (Table 8.6, page 199), 

and the chloride//sulfate solvent cell at 550°C (Table 8.9, page 

209) were measured to facilitate the development of a single emf 

series for all of the electrodes in the various alkali metal salt 

melts. 

The emf series in the ternary sulfate eutectic at 550°C was 

extended by the development of a reversible gaseous sulfate electrode, 
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(chapter 10.3, page 231) 

SO
4
2-/S0

3' 
0
2
/Pt (11.3) 

to give a potential of 0.575 volts for the pure silver sulfate 

formation cell (Table 10.7, page 244). In molten sodium nitrite 

at 270°C, an emf time-dependency (Figure 10.3, page229 ) rather 

than the expected Nernst emf pressure-dependency (Figure 10.2, page 228) 

was observed for the gaseous nitrite electrode; 

NO2-/NO2/Pt (11.4) 

The results obtained for a reversible gaseous nitrite electrode are 

contradictory (chapter 2.3, page 16): however, this study as well 

as the majority of published results support the existence of a 

chemical reaction between the nitrogen dioxide and nitrite ion rather 

than the electro-reduction of the nitrogen dioxide at the electrode. 

The standard electrode potential for the hydrogen-hydrogen chloride 

electrode in the lithium-potassium chloride eutectic and the solu-

bility of hydrogen chloride in the eutectic were used to calculate 

the potential of the hydrogen(I)/hydrogen electrode at 400, 450 and 

550°C (Table 10.10, page 250). 

11.2 Development of a Unified Emf Series 

The electrode potentials in several alkali metal salt melts at 

temperatures ranging from 300 to 550°C can be related to one common 

reference electrode, the standard aqueous hydrogen electrode (S.H.E.) 

at 25°C, by combining solvent cells (chapter 8, page 178) and thermo-

electric cells (chapter 9, page 211). Activities rather than 
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concentrations are used in the calculations involving the nitrate 

and chloride melts (chapter 7, page 111); however, due to the lack 

of published data, ideal behavior is assumed for all of the other 

melts. The mole fraction standard cell potentials, EN, (tabulated 

in Table 11.1) are used to correlate the various electrode systems 

and equations 7.21, 7.24, 7.27 and 7.28 are used to convert the 

standard potentials from the mole fraction scale to the molar and 

molal scales. No conversion is required for the gaseous anion elec-

trodes since, for this type of electrode, all three concentration 

scales use identical units and standard states. The final unified 

emf series based on the S.H.E. at 25°C is given in Table 11.2. Com-

putational errors were found in the conversion from E° to E° in the 

published emf series for the lithium, sodium carbonate eutectic (287) 

and the lithium, sodium, potassium sulfate eutectic (261). These 

errors resulted from using the entire molecular weight of the car-

bonate and sulfate salts instead of half the molecular weight in 

the calculations. The activity of an ideal salt is given by the 

product of the cation and anion ion-fractions raised to their appro-

priate power; however, in a uni-univalent system containing a single 

anion, the ion fraction product for a salt is equivalent to its mole 

fraction (chapter 7.1, page 111). In the sulfate and carbonate melts 

the anion fractions are equal to unity and since each molecule con-

tains two cations, in the calculations the cation fraction must be 

used instead of the mole fraction; this is equivalent to using half 

the solvent's molecular weight. The corrected values are given in 

Tables 11.3 and 11.4 and have been used throughout chapter 11. 
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TABLE 11.1 

ELECTROCHEMICAL CELLS USED TO DEVELOP UNIFIED EMF SERIES 

Left Half Cell Right Half Cell 
Source of data EN (V) 

T°C Components Components ToC 

25 H2/H(I) in H2O Ag(I) in T1NO3/Ag 86 Eq. 3.170, p. 71 0.856 

86 Ag/Ag(I) in T1NO3 Ag(I) in NaNO3/Ag 300 Eq. 9.24, p. 220 -0:065 

300 Ag/Ag(I) in (Na,K)NO3 (Na,K)NO3/NO2, 02 300 Table 10.5, p. 238 0.228 

300 Ag/Ag(I) in NaNO3 Ag(I) in NaNO3/Ag 309 Eq. 9.24, p. 220 -0.003 

309 Ag/Ag(I) in NaNO3 Ag(I) in NaNO2/Ag 309 Table 8.2, p. 185 -0.219 

309 Ag/Ag(I) in (Na,K)NO3 (Na,K)NO3/NO2, 02 309 Table 10.5, p. 238 0.210 

309 Ag/Ag(I) in NaNO3 Ag(I) in NaNO3/Ag 350 Eq. 9.24, p. 220 -0.014 

350 Ag/Ag(I) in (Na,K)NO3 (Na,K)NO3/NO2, 02 350 Table 10.5, p. 238 0.129 

350 Ag/Ag(I) in NaNO3 Ag(I) in NaNO3/Ag 400 Eq. 9.24, p. 220 -0.016 

400 Ag/Ag(I) in (Li,K)NO3 Ag(I) in (Li,K)Cl/Ag 400 Table 8.6, p. 199 -0.668 

400 Ag/Ag(I) in (Na,K)NO3 (Na,K)NO3/NO2, 02 400 Table 10.5, p. 238 0.028 



TABLE 11.1--Continued 

Left Half Cell Right Half Cell 
Source of data E

N 
(V)

T°C Components Components T°C 

400 Ag/Ag(I) in (Li,K)C1 (Li,K)C1/C12 400 Table 10.9, p. 250 0.929 

400 C12/(Li,K)C1 (Li,K)C1/HC1, H2 400 Ref. 196 -1.013 

400 C12/(Li,K)C1 H(I) in (Li,K)C1/H2 400 Table 10.8, p. 249 -0.409 

400 Ag/Ag(I) in (Li,K)C1 Ag(I) in (Li,K)C1/Ag 450 Eq. 9.37, p. 221 -0.019 

450 Ag/Ag(I) in (Li,K)C1 (Li,K)C1/C12 450 Table 10.9, p. 250 0.915 

450 C12/(Li,K)C1 (Li,K)C1/HC1, H2 450 Ref. 196 -1.016 

450 C12/(Li,K)C1 H(I) in (Li,K)C1/H2 450 Table 10.8, p. 249 -0.415 

450 Ag/Ag(I) in (Li,K)C1 Ag(I) in (Li,K)C1/Ag 550 Eq. 9.37, p. 221 -0.037 

550 Ag/Ag(I) in (Li,K)C1 (Li,K)C1/C12 550 Table 10.9, p. 250 0.886 

550 C12/(Li,K)C1 (Li,K)C1/HC1, H2 550 Ref. 196 -1.023 

550 C12/(Li,K)C1 H(I) in, (Li,K)C1/H2 550 Table 10.8, p. 249 -0.429 

550 Ag/Ag(I) in (Li,K)C1 Ag(I) in (Li,Na,K)2SO4/Ag 550 Table 8.9, p. 209 0.757 



TAILE 11.1--Continued 

Left Half Cell Fight Half Cell 
Source of data E° (V) 

N T°C Components Components T°C 

550 Ag/Ag(I) in (Li,Na,K)2SO4 (Li,Na,K)2SO4/503, 02 550 Table 10.7, p. 244 0.575 

550 Ag/Ag(I) in (Li,Na,K)2SO4 Ag(I) in (Li,Na)2CO3/Ag 550 Ref. 135 0.237 

550 Ag/Ag(I) in (Li,Na)2CO3 (Li,Na)2CO3/CO2, 02 550 Ref. 135 -0.490 



TABLE 11.2 

UNIFIED EMF SERIES FOR MOLTEN SALTS 

Electrode 

Couple 
Solvent T°C E° (V) EM (V) EN (V) 

11(1)/112 H2O 25 0.000 0.000 0.000 

AgCO/Ag (Na,K)NO3 300 0.675 0.643 0.791 

NaNO3 309 0.687 0.663 0.788 

NaNO2 309 0.457 0.437 0.569 

(Na,K)NO3 309 0.661 0.638 0.788 

350 0.651 0.618 0.774 

400 0.627 0.592 0.758 

(Li,K)NO3 400 0.653 0.620 0.758 

(Li,K)C1 400 -0.037 -0.062 0.090 

450 -0.068 -0.093 0.071 

550 -0.131 -0.157 0.034 

(Li,Na,K)2SO4 550 0.586 0.539 0.791 

(Li,Na)2CO3 550 0.334 0.284 0.554 

IT -/II021 02 (Na,K)NO3 300 1.019 1.019 1.019 

NaNO3 309 9.998 0.998 0.998 

(Na,K)NO3 350 0.903 0.903 0.903 

400 0.786 0.786 0.786 

C1-/C12 (Li,K)C1 400 1.019 1.019 1.019 

450 0.986 0.986 0.986 

550 0.920 0.920 0.920 

C1-/HC1, H2 (Li,K)C1 400 0.006 0.006 0.006 

450 -0.030 -0.030 -0.030 

550 -0.103 -0.103 -0.103 

H(I)/H2 (Li,K)C1 400 0.442 0.417 0.610 

450 0.391 0.366 0.571 

550 0.286 0.260 0.491 

SO42-/803, 02 (Li,Na,K)2SO4 550 1.366 1.366 1.366 

CO
3
2-/CO

2' 
0
2 

(Li
'
Na)

2
CO
3 

550 0.064 0.064 0.064 
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TABLE 11.3 

CORRECTED STANDARD ELECTRODE POTENTIALS IN (Li,Na)2CO3

FROM REFERENCE (135) 

Electrode Temperature (°C) Em (V) E° (V) 
M 

E° (V) 
N 

Co(II)/Co 540 -0.946 -0.921 -1.054 

Ni(II)/Ni 570 -0.862 -0.835 -0.973 

CO2, 02/C032- 550 -0.270 -0.220 -0.490 

Ag(I)/Ag 540 - 570 0.0 0.0 0.0 

Ag(I) in S042-/kg 

i 
540 0.253 0.250 0.237 

TABLE 11.4 

CORRECTED STANDARD ELECTRODE POTENTIALS IN (Li,Na,K)2SO4

FROM REFERENCE (136) 

Electrode Temperature (°C) E° (V) 
m 

E° (V) 
M 

E° (V) 
N 

Co(II)/Co 550 -0.689 -0.662 -0.791 

Cu(I)/Cu 580 -0.220 -0.220 -0.220 

Ag(I)/Ag 545 - 585 0.0 0.0 0.0 

Cu(II), Cu(I) 575 0.055 0.110 -0.157 

Rh(III)/Rh 575 0.370 0.407 0.229 

Pd(II)/Pd 580 0.518 0.546 0.416 

*S03, 02/S042- 550 0.774 0.827 0.575 

i 

* From this study (Table 10.7, page 244) 
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The measurements of the silver nitrate activity coefficients 

permit the calculation of the silver(I)/silver electrode potentials 

in the six different nitrate melts used in this study as a function 

of temperature. These values were omitted from Table 11.2 for clar-

ity. 

In the cell 

Ag/Ag(I) in A // Ag(I) in B/Ag (11.5) 

where A and B represent two different alkali nitrate melts, only the 

mole fraction standard cell potential, E°, is equal to zero. The 

standard cell potentials for the other two concentration scales are 

obtained by rearranging equations 7.21 and 7.24 to give 

where 

E0 = RT [fN=0 (in B) 
Mwt

m F 
ri=0 (in A) NT4

t
A 

RT 0 (in B) 
Mwt

B 
D
A 

F 
= 

c=0 (in A) 
Mwt

A 
DB__ 

(11.6) 

(11.7) 

Mwt and D represent the activity coefficient of anr m.°, 

infinitely dilute solution of silver nitrate, the molecular weight 

and the density of the solvent in the half cell, respectively. Equa-

tions 11.6 and 11.7, in conjunction with silver nitrate activity 

coefficient (Table 7.13, page 168) and density data (reference (2) 

and Table 7.10, page 140) are used to calculate the standard cell 

potentials for the cell 

Ag/Ag(I) in (Na,K)NO3 // Ag(I) in MeNO3/Ag (11.8) 

where Me represents one of the first three alkali metal ions or one 
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of their binary mixtures used in this study. The results of the 

calculations are summarized in Table 11.5 and the silver(I)/silver 

electrode potentials versus the S.H.E. are tabulated in Table 11.6. 

TABLE 11.5 

STANDARD CELL POTENTIALS FOR THE CELL 

Ag/Ag(I) in (Na,K)NO3 // Ag(I) in MeNO3/Ag 

MeNO3 Temperature (°C) E° (V) 
m 

E° (V) 
M 

EN (V) 

LiNO3 300 0.024 0.028 0.000 

350 0.020 0.024 0.000 

400 0.018 0.022 0.000 

NaNO3 309 0.026 0.025 0.000 

350 0.023 0.023 0.000 

400 0.021 0.020 0.000 

KNO3 350 -0.028 -0.029 0.000 

400 -0.028 -0.028 0.000 

0.46 LiNO3 300 0.023 0.025 0.000 

0.54 NaNO
3 350 0.019 0.021 0.000 

400 0.016 0.018 0.000 

0.59 LiNO3 300 0.018 0.019 0.000 

0.41 KNO3 350 0.021 0.022 0.000 

400 0.026 0.028 0.000 
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TABLE 11.6 

STANDARD SILVER(I)/SILVER ELECTRODE POTENTIAL IN NITRATE 
MELTS VERSUS A :TANDARD AQUEOUS HYDROGEN REFERENCE 
ELECTRODE AT 25°C 

Temperature (°C) Solvent Em (V) E
m 
(V) E(1\31 (V) 

300 3LiN0 0.699 0.671 0.791 

(Li,Na)NO3 0.698 0.668 0.791 

(Li,K)NO3 0.693 0.662 0.791 

(Na,K)NO3 0.675 0.643 0.791 

309 NaNO3 0.687 0.663 0.788 

(Na,K)NO3 0.661 0.638 0.788 

350 LiNO3 0.671 0.642 0.774 

NaNO3 0.674 0.641 0.774 

KNO3 0.623 0.589 0.774 

(Li,Na)NO3 0.670 0.639 0.774 

(Li,K)NO3 0.672 0.640 0.774 

(Na,K)NO3 0.651 0.618 0.774 

400 LiNO3 0.645 0.614 0.758 

NaNO3 0.648 0.612 0.758 

KNO3 0.599 0.564 0.758 

(Li,Na)NO3 0.643 0.610 0.75, 

(Li,K)NO3 0.653 0.620 0.758 

(Na,K)NO3 0.627 0.592 0.758 

The E° for the cell 

Ag/Ag(I) in (0.45 Na, 0.55 K)NO3 // Ag(I) in NaNO3/Ag 

(11.9) 

at 309°C is 0.026 volts (Table 11.5) which is slightly less than 
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the 0.031 volts reported in Table 8.3 (page 186) for the similar 

cell: 

Ag/Ag(I) in (0.5 Na, 0.5 K)NO3 // Ag(I) in NaNO3/Ag 
(11.10) 

The difference between the direct emf measurement of the nitrite// 

nitrate solvent cell (Table 8.2, page 185) and the equivalent combi-

nation of the cells in Table 8.2 is 0.008 volts; however, if the 

calculated E° for cell 11.9 is used instead of the measured emf for 
m 

the cell 11.10, the difference will be reduced to 0.003 volts with 

an experimental error of + 0.003 volts. This result provides addi-

tional support for the values in Table 11.5 and for the emf value 

from the direct measurement of the nitrite//nitrate solvent cell. 

The relative stability or resistance to oxidation of the anions 

in the melts used in this study can be obtained from their respective 

gaseous anion electrode potentials given. in Table 11.2. The order 

of increasing anion stability at the indicated temperature is as 

follows: 

Anion: C032- < NO3- < Cl- <I NO3- < Cl- C  S04
2-

(11.11) 

Temperature, °C: 550 400 550 300 400 550 

(11.12) 

The emf of the gaseous nitrate electrode can be extrapolated to a 

temperature of 550°C to facilitate the comparison of the various 

anions. The order of increasing anion stability at 550°C is 

Anion: C032-<NO3- <C1- <S042- (11.13) 

E°, V: 0.064 0.435 0.920 1.366 (11.14) 
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where the lower line of figures represent the respect4.ve gaseous 

anion electrode potentials in volts. Carbonate melts are normally 

used at temperatures in excess of the decomposition temperature of 

the nitrate melts and for this reason the carbonate ion may appear 

to be out of sequence; however, at 550°C the carbonate melts require 

a carbon dioxide atmosphere at all times to prevent decomposition. 

The other three anions are in the same order as their useful working 

temperature range and if this trend is extended to the higher melt-

ing fluoride, phosphate, borate and silicate salts, an even increas-

ing anion stability should be realized. 

The stability of silver(I) in the various melts can be similarly 

determined by using the data in Table 11.2. The effect the other cat-

ions in the melts may have on the stability of the silver(I) ion can 

be eliminated by using only the mole fraction standard silver elec-

trode potentials to give the toilowing anion series at the indicated 

temperatures: 

anion: S042 NO _3-<NO3-<NO2- <C032 < C1- <C1-

(11.15) 

Temperature, °C: 550 300 400 309 550 400 550 

(11.16) 

The silver electrode potentials in the nitrite and nitrate melts are 

extrapolated to 550°C to give the series presented in Table 11.7. 

The silver(I) stability series at 550°C (Table 11.7) shows that 

as the number of oxygen atoms in the anion increases, the stability 

of the silver(I) ion in the corresponding melt decreases. The PO/ 
values, calculated by dividing the apparent increase in emf due to 
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the oxygen in the anion by the number of oxygen atoms in the anion, 

show amazing consistency at around 0.190 volts per oxygen atom. The 

small discrepancies between the POT values may be due to the change 
in the central atom of the anion. For the nitrate-nitrite mixed 

solvent, the apparent "n" value of 2/3, 

tion relating the standard solvent cell 

of the solvent (chapter 8.2, page 190), 

from a Nernst type of equa-

potential to the composition 

is identical to the oxygen 

ratio in the two anions and indicates a possible direct underlying 

relationship between the silver(I) electrode potential and the number 

of oxygen atoms in this system as well. These facts are consistent 

with the decomposition of silver 

however, since definite proof is 

of behavior is still a matter of 

oxide before it melts at about 230°C; 

lacking, the reason for this type 

conjecture and all these coincidences 

may only provide a "handy rule of thumb" for predicting the behavior 

of the silver(I)/silver electrode in oxyanion melts. 

TABLE 11.7 

STABILITY OF SILVER(I) IN SEVERAL FUSED ALKALI METAL SALTS 
AT 550°C 

Anion of the salt S042- <::: NO3- C032- < NO2- 4( CI-

E
o
N(Ag(1)/Ag), V 0.791 0.708 0.554 0.490 0.034 

(EN - 0.034), V 0.757 0.674 0.520 0.456 0.0 

n (number of oxygen 
atoms per anion) 

4 3 3 2 0 

AV * 0.190 0.225 0.140 0.228 ___ 

* AV = (EN - 0.034)/n 
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The effect that the other cations have on the stability of the 

silver(I) ion in nitrate melts can be obtained from the E
o 
data in 

Table 11.6. The cation and temperature effect on the silver(I)/sil-

ver electrode potential is about one order of magnitude less than 

that observed for a change in anions. A general trend towards an 

increase in the stability of the silver(I) ion with an increase in 

either the temperature or the average size of the cations in the 

solvent is observed and is consistent with the theory of activities 

in molten salts (chapter 7.6, page 169). 

11.3 Practical Application 

The unified emf series can be used to predict the reversible 

emf of a fuel cell which produces one of the oxyanion acids as its 

end product. The formation potential of nitric acid at 400°C can 

be calculated by combining the hydrogen electrode and the gaseous 

nitrate electrode to form the cell 

H2/H(I) in MeNO3/NO2, 02
0 
EN 

In order to obtain the required cell reaction, viz., 

11112 NO2 +z0 2 = HNO3

the solubility of the nitric acid in the nitrate melt must be account-

ed for in a similar manner as was done for the hydrogen/hydrogen 

chloride gas electrode (chapter 10.5, page 246). The lack of pub-

lished data as a result of the instability of nitric acid at 400°C 

necessitates the assumption that the solubility of nitric acid in 

the nitrate melt is the same as the solubility of hydrogen chloride 
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in the chloride melt at a given temperature. The dissolved nitric 

acid will dissociate to produce the hydrogen(I) ion according to 

the equations 

HNO
3 

= H(I) + NO
3
- (11.19) 

D(I)] = K 13HNO3

The standard potential for the nitric acid formation cell 

H
2' 

HNO
3
iMeNO

3
iNO

2' 
0
2 E(HNO3) 

(11.20) 

42H2 + NO2 + 42-02 = HNO3 (11.22) 

is related to the EN potential by the equation (equation 10.36, page 

248): 

E° - 
RT 

In K 
HNO3 

E°0 EN + 0.604 V (T = 400°C) 
HNO3 

(11.23) 

(11.24) 

Due to the instability of the gaseous forms of carbonic and sulfuric 

acids at 550°C, a similar approach is used except 2K is used in place 

of K in equation 11.23 to account for the two hydrogen(I) ions formed 

when the acids dissociate in the melts. The calculated values for 

the three oxyacid formation cells are summarized in Table 11.8 along 

with estimated errors. 

A combination of the following equations taken from the litera-

ture also gives AG° for nitric acid: 
4112 

4 
0 + 4-0

2 
+ NO2 = HNO

3 
AG400O 

°C 
= 8.3 kcal mole-1 (11.25) 

2 

4iH
2 

+ 440
2 

= 4i1120 
4 

1 (11 o 
0 = -25.2 kcal mole .26) 

00 C 

2H
2 
+ 4-02 + NO

2 
= HNO3 AG400 0C = -16.9 kcal mole-1(11.27) 2 
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TABLE 11.8 

FORMATION POTENTIALS OF OXYACIDS 

Cell Reaction Temperature Ecf) + 0.010 V A G°
f 

°C (kcal mole-1) 

kH2 + NO2 + 202 = HNO3 400 0.780 -18.0 + 0.2 

H2 + CO2 + k02 = H2CO3 550 0.118 - 5.4 + 0.5 

H2 + SO3 + 1/202 = H2SO4 550 1.420 -65.6 + 0.5 

The accuracy of AGo for equation 11.25 is uncertain due to 
an extrapolation of data from 277 to 400°C (328) whereas the error 

in PAG° for equation 11.26 is negligible (329). The agreement 

LI 
A

be-

tween the two G
f 

values for nitric acid at 400°C is close con-

sidering the number of approximations involved in the calculations. 

To obtain free energy data for nitric acid eorsythe and Uiauque (328) 

used calorimetric measurements for temperatures up to and slightly 

above the melting point of pure nitric acid (-42°C) and then spec-

troscopic measurements up to 277oC. A positive LAG400oc value for 

equation 11.25 shows that at 400°C any attempt to measure the heat 

of formation of nitric acid by calorimetric methods would result in 

the following sequence of chemical reactions: 

NO2 + 202 + 4H2 = HNO
3 

(11.28) 

HNO3 - 2H20 + 3402 + NO2

4 0 2 1-12 = H2Ok
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The net thermodynamic values obtained from the calorimetric measure-

ments are only for the formation of water and only when the tempera-

ture is below 120°C does the AG° for equati T. 11.25 become negative 
(328). The reliability of the values for the tree energies of forma-

tion given in Table 11.8 are superior to 111 6f the previous measure-

ments or estimates reported in the literature fur nitric acid. These 

values also remedy the absence of data on the formation of sulfuric 

and carbonic acid at 550°C. 

The rapid emf response of the gaseous sulfate electrode to 

changes in gas pressures and the large formation potential suggests 

that it may be used in a practical fuel cell despite the highly cor-

rosive nature of the sulfur trioxide. The use of higher melting 

oxyanion salts, such as phosphates or borates, may provide better 

systems and larger potentials than the sulfate fuel cell as predicted 

by the observed trends in this study (equations 11.13 and 11.14) and 

theoretical calculations (330). 
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12. EXPERIMENTAL 

12.1 Preparation and Purification of Melts 

12.1.1 Nitrite melts 

Because of organic impurities, it was necessary to recrystalize 

the Analar reagent grade scdium nitrite twice from water. This pro-

cedure produced a colorless melt instead of the faintly yellow col-

ored melt which had been produced by the original salt. The purified 

sodium nitrite was dried at 120°C for 24 hours and then stored over 

P205 in a dessicator until needed. Before being used to fill the 

electrode compartment the salt was melted in a small tube furnace 

(Figure 12.1) and purged with dried oxygen-free nitrogen JUL 24 hours; 

also, between each run (in a given series of trials) the purified 

nitrogen was used to continuously purge the melt. 

12.1.2 Nitrate melts 

All of the nitrate salts were reagent grade from Fisher Scienti-

fic Company and were refined in the lab by recrystallization (with 

one exception) followed by a 24 hour drying period. Sodium nitrate 

and potassium nitrate were recrystallized twice from water, the 

lithium nitrate only once (due to its low solubility change with 

temperature) and the silver nitrate not at all. Both the sodium 
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C

F 

Figure 12.1 Melt Preparation Tube Furnac

A - Pyrex 24/40 ground joint, B - asbestos board, C 1 inch Vycor 
tube wound with Chromel A resistance wire, D Vermiculate insulation, 
E - metal casing, F - weighted base 
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and potassium salts were then dried at 120°C and the lithium and 

silver salts were dried at 100°C under a pressure of less than 2 

mm Hg. All of the nitrate salts were stored over P205 in a dessi-

cator. 

Each nitrate mixture was prepared ahead of time in a quantity 

sufficient to supply all the trials so that a constant composition 

of the mixture would be maintained throughout. The correct propor-

tions of the salts were weighed out to the nearest 0.1 gram, mixed 

and fused in a large tube furnace (Figure 12.1). The resulting melt 

was dried and mixed by purging with the purified nitrogen for two 

hours and then allowed to solidify in a porcelain evaporating dish 

in a dessicator. After grinding, the solid mixture was stored over 

P205 in a 
dessicator. 

The mixtures contained the following mole percentages of the 

various alkali nitrate salts. 

(Li,Na)NO3 eutectic m.p. 193°C 

54 mole% LiNO3 

46 mole% NaNO
3 

(Li,K)NO3 eutectic 

41 mole% LiNO
3 

59 mole% KNO
3 

(Li,K)NO3 mixture 

59 mole% LiNO3

41 mole% KNO3 
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(Na,K)NO
3 

eutectic m.p. 220°C 

45 mole% NaNO3

55 mole% KNO3 

Before being used in any electrochemical cell the pure nitrate melts 

and the mixed nitrate melts were prepared by a procedure similar to 

that described for the sodium nitrite. 

12.1.3 Chloride melt 

Various methods have been used to purify the lithium-potassium 

chloride eutectic: Mackenzie (190) has made a critical evaluation 

of these methods, and the one developed by Marical and Hume (189), 

with minor modifications, was used in the present work. The lithium 

chloride, Baker Analyzed Reagent, was dried in a vacuum oven at 120°C 

and a pressure less than 1 tuu Hg for 24 hours and then weighed to 

make the eutectic mixture containing 59 mole lithium chloride and 

41 mole% potassium chloride. Since potassium chloride is not as 

hygroscopic as lithium chloride, heating at 120°C for 24 hours in 

an orealary oven was sufficient to dry it. 

A large quantity of the salt mixture was initially prepared to 

ensure a uniform composition throughout all the chloride melts. 

Approximately 125 grams of the salt mixture was first put into the 

inner tube (A) of the melt purification apparatus (Figure 12.2) and 

then the entire assembly was placed in the furnace and connected to 

the vacuum line assembly (Figure 12.3). The advantage of the vacuum 

line was that the complete purification process could be carried out 

without exposing the melt to the atmosphere or changing any of the 
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Figure 12.2 Chloride Eutectic Purification Apparatus 

A - inner tube, B 
E - thermocouple, 
ground joint, H -
tube furnace, K - 
fritted disk 

- top of outer tube, C,D, - vacuum taps, 
F - Pyrex 24/40 ground joint, G - Pyrex 35/45 
2 inch flange, I - cooling plate, J - 3 inch 
sample ampule, L - glass wool, M - 20 mm medium 
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Figure 12.3 Vacuum Line for Chloride kurification 

A, E, F, G - vacuum taps, B - T-vacuum tap, C, D - to melt purifica-
tion apparatus, H - to C12 exhaust, I - drying column, J - regulated 

C12 source, K - 112304 gas washers, L - regulated N source, M -

vacuum gauge, N - oil diffusion pump, 0 - 2-stage backing vacuum 
pump 
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connections between each step. The temperature of the furnace was 

controlled to + 10°C by the manual adjustment of a Variac power-

stat and measured with a chromel-alumel thermocouple and a Cropico 

P3 potentiometer. The apparatus was evacuated by opening tap "A" 

first and then turning tap "B" to position "B1"; this sequence pre-

vented the drawing of fine salt particles through the fritted disk 

with the furnace set at about 100°C. A vacuum of less than 0.01 mm 

mercury was then maintained overnight after which the temperature 

was slowly raised to about 300°C and held there for three to four 

hours. Taps "B" and "F" were turned off and tap "B" was turned to 

a position between "Bl" and "B2". The chlorine pressure was adjusted 

to about 2 psi and the vacuum in the system was released by slowly 

opening tap "G". Once the chlorine ceased to flow, tap "B" was turned 

to position "B2" and the chlorine pressure was adjusted to provide a 

slow flow of chlorine through the salt mixture. The eutectic mixture 

was then melted by raising the temperature to about 400°C while main-

taining the flow of chlorine through the bottom of the frit and up 

through the melt. After a period of three to four hours the chlorine 

flow was stopped by closing stopcock "G" and the pressure was released 

from below the frit by turning stopcock "B" to position "B3". It was 

often necessary to apply a slight pressure of nitrogen above the melt 

by opening stopcock "H" to assist the filtration of the melt through 

the frit. A hand torch was used to help collect the filtered melt 

in the bottom of the sample tube projecting out of the bottom of the 

furnace. Once all the melt was collected and solidified in the bot-

tom of the sample tube, the tube was sealed and cut off just above 
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the solid, thus providing a sealed sample of chloride eutectic which 

was still saturated with chlorine. The ampules were then stored in 

a dry box until needed. 

12.1.4 Preparation of the ternary sulfate eutectic 

The salts, Baker Analysed Reagent grade, were anhydrous except 

for the lithium sulfate which was the monohydrate. The salts were 

dried in a vacuum oven at 120°C for 24 hours before being weighed 

and mixed to form the eutectic mixture containing the following 

amounts of the three salts: 

78 mole% Li2SO4 

8.5 mole% NalSOk

13.5 mole% K
2
SO
4 

The mixture, which has a melting point of 512°C (331), was placed 

in a Pyrex tube and gradually heated to 550°C in a small tube furnace 

(Figure 12.1). The sulfate melt was purged with dried oxygen-free 

nitrogen for several hours to purify the melt and to ensure uniform 

mixing. At first the melt was slightly cloudy, but it rapidly became 

clear with the addition of a few milligrams of purified sodium pyro-

sulfate. The preparation of the pyrosulfate is given in chapter 

12.1.5 and the clearing effect is due to the conversion of oxide to 

sulfate. 

52072- = SO3 + SO42-

SO3 + 0
2- 

= SO4
2 
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The melt was purged with nitrogen after the melt had cleared to 

remove any excess sulfur trioxide. The frozen melt was ground up 

in the dry box and stored in a vacuum dessicator until required. 

The sulfate melt was prepared in a similar manner to the nitrite 

melts before use in any electrochemical measurements. A polarogram 

was run on the melt at 550°C using a Sargent Polarograph Model XVI, 

a silver(I)/silver reference electrode and a micro platinum electrode 

(area = 0.128 mm2). The results (given in terms of a one molal sil-

ver reference electrode in Figure 12.4) are in agreement with those 

of Johnson and Laitinen (261) and exhibit no evidence of any sub-

stantial amount of impurity in the melt. 

12.1.5 Preparation of sodium pyrosulfate 

The sodium pyrosulfate was prepared according to a method devel-

oped by Hotz (332). The preparation i a tedious operation requiring 

several days to prepare three to four grams of sodium pyrosulfate. 

A Vycor (approximately 2 cm diameter) tube which ran through two tube 

furnaces was sealed off at one end to form the reaction vessel (Fig-

ure 12.5). A silica boat one-third full of sodium sulfate was placed 

in the Vycor tube so that it was centered in the tube furnace next to 

the closed end of the tube. A silica boat two-thirds full of anhy-

drous cupric sulfate was then placed in the tube and centered in the 

other tube furnace. The open end of the Vycor was constricted to 

form an exhaust tube and to permit the making of a vacuum seal later. 

Unless the cupric sulfate is next to the exhaust tube, fine cupric 
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Figure 12.4 Polarogram of (Li,Na,K)2SO4 Eutectic Melt at 550°C 

Area of micro platinum electrode = 0.128 mm2
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Figure 12.5 Reaction Vessel to Prepare Na2S207

A - Furnace connected to programmed temperature controller, B - Furnace connected to 
fixed temperature controller, C - to vacuum system, D - vacuum seal in Vycor reaction 
vessel, E - CuSO4, F - Na2SO4 



sulfate dust will be drawn across the sodium sulfate. The sodium 

sulfate furnace was connected to a temperature controller and kept 

at 700°C to prevent premature formation of pyrosulfate after the 

tube was evacuated; the cupric sulfate furnace was also connected 

to a temperature programmed controller which was required later on 

in the experiment. The cupric sulfate was heated slowly under vacuum 

to 630 - 650°C (approaching the point of decomposition) to remove all 

the water, and then the furnace was turned off and opened to prevent 

extensive decomposition. The exhaust tube was then sealed off. The 

sodium sulfate furnace was set at 475°C and the cupric sulfate fur-

nace at 900°C. The complete absence of any solid in the sodium sul-

fate boat, after about 15 hours, indicated the completion of the 

reaction. The temperature in the sodium sulfate furnace was then 

lowered to 250°C and the temperature of the cupric sulfate furnace 

was programmed down from 900°C to 250°C at a rate of about 10°C per 

hour. The slow rate of cooling removes all the sulfur trioxide from 

the atmosphere of the tube and prevents the formation of any poly-

sulfate compounds. Once the cooling procedure was completed, both 

furnaces were opened and allowed to cool to room temperature. The 

tube was transferred to a dry box and broken open at the sodium pyro-

sulfate end. The pyrosulfate was crushed in an agate mortar and 

stored in a screw-capped bottle in a dessicator. 

The chemical reactions and results for the preparation are 

given below: 

CuSO4 = Cu0 + SO3 (12.3) 
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SO3 + Na2SO4 = Na2S207 (12.4) 

4.9273 gms CuSO4 (12.5) 

2.4353 gms Na2SO4 (12.6) 

Theoretical yield = 3.8079 gms (12.7) 

Experimental yield = 3.8020 gms (12.8) 

Percent yield (purity) = 99.87 (12.9) 

12.2 Design of Isothermal Cells 

The isothermal electrochemical cells consisted of two individual 

electrode compartments immersed in a bulk melt contained in a thermo-

stated three-neck 250 ml flask (Figure 12.6). One additional inlet 

to the flask was provided by glass blowing a piece of glass tubing 

(11 mm) in the top of the flask. The inlet was designed so that when 

the glass sheathed controller probe was passed through it, the end of 

the probe was between the two electrode compartments and about 15 mm 

from the bottom of the flask. Standard tapered inner joints (24/40) 

were used to extend the length of the three necks on the flask so 

that the main body of the flask could be covered to a depth of 5 cm 

with insulation. The entire flask was wrapped with aluminum foil 

to insure good thermal contact with the heating mantle and then 

earthed to prevent any a.c. interference from the heaters. The 

entire assembly was supported on a stand in a large aluminum box 

and covered with Zonolite insulation with a minimum depth of 5 cm 

insulation at any point. The furnace was then placed in a fume hood 

to ventilate the gases from gas electrodes and to protect the furnace 
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Figure 12.6 Isothermal Electrochemical Cell 

A - metal electrode, B - bottom half of electrode compartment, 
C - foil-wrapped rubber stopper, D - upper level of insulation, 
E - heating tape wrapped around top of cell, F - foil (earthed) 
wrapped 250 ml flask, G - melt level, H - heating mantle, 
I - 10 mm fine fritted disk, J - glass sheathed temperature 
controller probe, K - Pt counter electrode, L - thermocouple, 
M hypodermic needle for N2, N - gas inlet in electrode 
compartment 
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from drafts. 

The power to a heating tape wrapped around the upper portion 

of the flask was controlled manually by a powerstat so that the 

temperature, monitored with a chromel-alumel thermocouple, was 

maintained at 10 to 20°C below that of the bulk melt. The heating 

tape was necessary to prevent excessive cooling of the melt surface 

and to prevent thermal conductivity along the metal electrodes from 

the melt in the electrode compartments. The power to the heating 

mantle was switched back and forth between two powerstats by a Pro-

portioNull, 1300 Series, controller from the Cole-Parmer Instrument 

and Equipment Company. One powerstat provided enough power to main-

tain the furnace 10°C below the desired temperature and the other 

powerstat 10°C above the required temperature. An auxiliary 20 amp 

switching relay was required in the electrical heating circuit (Fig-

ure 12.7) since the controller could not handle the 8 to 10 amp 

heating current. The temperature of the melt could be maintained 

to + 2°C. 

The flask was half-filled with the required bulk melt and 

purged with nitrogen for 24 hours, a counter electrode compartment 

was then inserted into the flask through the central neck to a depth 

of 20 mm from the bottom of the flask. The compartment consisted of 

a 10 mm sintered glass frit of fine porosity cut off on one side of 

the frit and sealed to 14 mm glass tubing so that it could be held 

in place by means of a tightly fitting aluminum covered rubber 

stopper in the top of the central neck of the flask. Before the 
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Figure 12.7 Electrical Heating Circuit for Isothermal Furnace 

A - powerstat for heating tape, B - low power powerstat for 
controller, C - high power powerstat for controller, D - a 
D.P.D.T. relay, E - temperature controller, F - heating 
output, G - cooling output, H - heating tape, T - probe 
for temperature controller, J - isothermal furnace, 
K - heating mantle 
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compartment was filled by seepage of the bulk melt through the frit, 

a platinum foil, 1 cm2, counter electrode and a glass-sheathed chromel-

alumel thermocouple were inserted into it. A hypodermic needle was 

inserted through the rubber stopper around the counter electrode and 

then connected to the nitrogen line through a needle valve so that 

a positive nitrogen atmosphere could be maintained above the melt at 

all times. 

The electrode compartments consisted of a 10 mm fine glass frit 

cut off next to the frit on one side and sealed to a -4ece of 8 mm 

glass tubing 5 cm from the other side of the frit. A 5/20 standard 

tapered outer glass joint was sealed on the other end of the 8 mm 

glass tubing to make a unit with a total length of about 28 cm. A 

number 3 rubber stopper with a 8 mm hole in it and split along one 

side was fitted around the tubing just below the ground joint and 

wrapped with aluminum foil after the compartment had been filled 

with the desired solvent which had been prepared in a separate 

furnace. A positive nitrogen pressure and an oxygen torch were used 

to blow a small hole in the wall of the compartment about 10 mm above 

the melt. The flow of nitrogen through the compartment wcb main-

tained until it was placed in the furnace, then the nitrogen over 

the bulk melt was allowed to flow out through the electrode compart-

ment. The electrode compartment was adjusted so that the level in 

the compartment was about one to two millimeters above the level 

required to balance the flow of the melts through the frit. This 

was accomplished by measuring the distance between the surface of 
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the bulk melt and the top of the inlet to the cell, tLe length of 

the electrode compartment and the depth of the melt in the compart-

m.nt. The foil wrapped rubber stopper held the compartment in 

place and provided an air-tight seal at the entrance to the flask. 

Before making any electrical measurements a minimum period of two 

hours was allowed for thermal equilibration and cessation of the 

outward flow of melt from the electrode compartment. 

The metal electrode in the electrode compartment was raised 

and lowered by means of a converted 3 cc syringe which had a glass 

5/20 inner joint attached to the bottom of the outer cylinder as 

shown in Figure 12.8. The modified syringe was attached to the top 

of the electrode compartment after the electrode wire had been sealed 

in the top of the plunger with picein wax. A small hole in the side 

of the -lunger at the top permitted a slow flow of nitrogen to escape 

through the electrode and prevent atmospheric contamination from 

entering the cell. A high impedance resistance meter connected 

between the indicator electrode and the metal electrode indicated 

the sudden drop in resistance when the electrode touched the sur-

face of the melt as the plunger was slowly pushed into the syringe. 

All of the electrodes were then inserted into the melt a further 

15 mm which was equivalent to 1 cc on the syringe. The use of the 

syringe electrode holder not only provided an accurate method for 

positioning the electrode but permitted the rotation of the elec-

trode in the electrode compartment to facilitate rapid mixing in 

the melt. The level of the melt was checked at the end of each 
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Figure 12.8 Electrode Holder 
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A - picein wax, B - N2 outlet, C - plunger, D - metal 

electrode wire, E - 3 cc syringe, F - 5/20 ground joint, 
G - top of electrode compartment 
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experiment with the ohmmeter in a manner similar to that at the 

beginning. If the levels differed by more than 0.5 mm (about 1.5% 

of total depth of melt) the results for that trial were automatically 

rejected. The electrode compartment was removed from the furnace 

and allowed to cool in a dessicator before its contents were analyzed. 

12.3 Electrical Circuits and Measurements 

All of the temperature measurements were made using chromel-

alumel Pyrex-sheathed thermocouples, ice-water zero point reference 

and a Cropico Type P3 Potentiometer, to + 0.25°C. The thermocouples 

used in the isothermal and nonisothermal furnaces were calibrated 

against the fixed points used to define the International Tempera-

ture Scale of 1948 (333), Thermocouples with an error of more than 

1.0°C for any of the calibration points were rejected or used for 

minor temperature measurements. The calibration points are listed 

in Table 12.1. 

TABLE 12.1 

FIXED POINTS FOR CALIBRATION OF THERMOCOUPLES 

Fixed Point Temperature 
oc

Pressure Correction 

(valid for 680-780 mm Hg) 

Ice, melting point 0.00 

Water, boiling point 100.0 T
P 
= T

760 
+ 0.0367 (P-760) 

-2.3 x 10
-5 

(P-760)
2 

Tin, freezing point 231.9 

Cadmium, freezing point 320.9 

Lead, freezing point 327.3 

Zinc, freezing point 419.5 
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All of the electrical measurements were made on a Cropico Type 

P3 Potentiometer to the nearest 2, 20 and 200 microvolts on the 

0.017, 0.17 and 1.7 volt scales, respectively. The potentiometer 

was checked against a Standard Cadmium Cell (Type 1268, Guildline 

Instruments Ltd., 1968) and found to have an error of less than 

0.027 at 1.01838 volts. The potential of the electrochemical cells 

was continuously monitored with a Beckman 10 inch, Model 1005, Record-

er to observe the behavior of the cell emf during the entire experi-

ment. A Leeds and Northrup Student model millivolt potentiometer 

was used to back off part of the emf so that the 1 millivolt full 

scale range could be used on the recorder. The input impedance of 

the recorder is 10 Kohms at off-balance position and potentiometric 

at the balanced position. The use of co-axial cable throughout all 

of the electrical measuring system prevented pick-up of any ac inter-

ference. To avoid inconsistent junction potentials resulting from 

soldered connections, small plastic covered metal connectors with 

set screws were used to connect the co-axial cable to the silver 

electrodes. The screw type connectors also made it very easy to 

make or break connections and greatly decreased the possibility of 

a poor connection since as the screw was tightened it cut into the 

silver wire. 

Silver(I) was introduced into the melts by the coulometric 

oxidation of a silver electrode immersed in the melt. This process 

has been shown to have a current efficiency of 100% in the nitrite 

(32), nitrate (39, 99, 100), chloride (206) and sulfate (261, 264) 
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melts. A Sargent Coulometric Current Source, Model IV and a current 

density of 60 milliamp cm-2 was used in all of the experiments except 

for those in the nitrite melts where the current density was 6 milli-

amp cm-2. The analysis of the contents of the electrode compartments 

for silver using Atomic Adsorption (chapter 12.5.7) were in agreement 

with the value indicated by the coulometer for each of the melts. A 

switching box enabled the connection of either electrode to the poten-

tiometer or the coulometer as shown in Figure 12.9. 

12.4 General Operating Procedure 

All of the glassware used for the final preparation of the melts 

and the electrode compartments were soaked in nitric-dichromate clean-

ing solution for 24 hours, rinsed with water, boiled in aqua regia for 

one to two hours, thoroughly washed in deionized water, dried at 120°C 

for two hours and then baked in a furnace at 550°C for 24 hours. The 

pieces of glassware were taken from the furnace and used while still 

hot, where possible, to prevent adsorption of water vapor onto the 

glass surfaces. 

When filling the electrode compartments the same procedure was 

used for all the melts except the chloride melt where special pre-

cautions were required to keep it dry and to remove the dissolved 

chlorine gas. The other melts were prepared as described in chapter 

12.1 and then filtered into the electrode compartment using the vacuum 

system shown in Figure 12.10. Once the melt filled the electrode com-

partment to a depth of about 3 cm, the vacuum was shut off and nitrogen 
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Figure 12.9 Electrical Measuring and Generating Circuit for Isothermal 
Cell 

A - potentiometer, B - backing millivolt source, C - milli-
volt recorder, D - 2 independent 3-point rotary switches, 
E coulometer, F - multi-range ammeter, G - isothermal 
furnace, H - Pt counter electrode, I - metal electrode 

Switch Positions: 1 - open circuit, 2 - measuring circuit 
3 - generating circuit 
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Figure 12.10 System for Filling Electrode Compartments 

A - vacuum, B - needle valve, C - source of nitrogen, 
D - connecting Tygon tubing, E - 5/20 ground joint, 
F - top of electrode compartment 
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was used to release the residual vacuum in the electrode compartment. 

The blowing of a nitrogen vent in the wall of the compartment and the 

subsequent transfer and positioning of the electrode compartment in 

the furnace has been described in chapter 12.2. 

Pure, 1 mm diameter, silver wire obtained from Johnson, Matthey 

and Mallory Ltd. was used for the silver electrodes. About 4 inches 

of one end of a 16 to 20 inch piece of silver wire was highly polished 

with fine emery paper to remove all of the surface films. The polished 

end of the silver wire was then wound into a coil with a diameter small 

enough to slide through a standard 5/20 inner tapered joint, 2 cm in 

length. The silver electrode wire was sealed in the top of the syringe 

electrode holder (see Figure 12.8) with piccin wax so that the lower 

end of the silver wire was about 1 cm above the melt when the syringe 

was fully extended and attached to the electrode compartment. Before 

the mechanical polishing a pretreatment of the wire with hot nitric 

acid was tried; however, it was discontinued after several trials 

showed that it had no effect on the performance of the electrode. 

After a two hour thermal equilibration period the silver electrode 

was inserted into the melt in the electrode compartment to a depth 

of 15 mm (see chapter 12.2 for details) and connected to the electri-

cal measuring and generating system (Figure 12.9). There was no need 

to apply a thermocouple correction (211) to any of the readings since 

all of the silver to copper lead wire connections were made at the 

ambient temperature and the entire thermal gradient was over the pure 

silver wire. 
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After the required amount of silver(I) had been generated coul-

ometrically in the electrode compartment, the silver electrode was 

rotated back and forth to facilitate the formation of a homogeneous 

mixture in the electrode compartment. The final reading for the 

emf of the cell was recorded only after the emf of the cell showed 

no signs of any drift in one direction and remained constant to + 0.1 

millivolt for 10 minutes. For most of the melts it would require 

approximately a 15 to 45 minute time period before the final read-

ing could be taken. The stability of the silver electrode system 

in each melt was checked by recording the emf of the cell for several 

hours. After each experimental run had been completed, the two sil-

ver electrodes were removed and the electrode compartments were placed 

in a dessicator to solidify. The analysis of the contents of the 

electrode compartments and the calculation of the silver(I) concen-

trations are given In chapter 12.5. The portion of the silver elec-

trode that had been in the melt during the experiment was cut off to 

prevent any cross contamination between melts and any electrode con-

ditioning that may have occurred during the experiment 

the results for the next experiment. 

The high viscosity of the sulfate melt caused its 

period to be exceedingly long. 

ver(I) in the sulfate reference 

sulfate and the ternary sulfate 

from affecting 

stabilization 

So, rather than generating the sil-

electrodes, a known mixture of silver 

eutectic was used to fill the elec - 

trode compartment instead of the pure sulfate eutectic. This pro-

cedure produced a reference sulfate electrode which stabilized 
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rapidly in the furnace and remained stable (+ 0.5 my) for periods 

in excess of twelve hours. 

A special apparatus and procedure was required to remove the 

chlorine dissolved in the purified chloride eutectic. A glass 

ampule containing 100 to 125 grams of the chloride eutectic was 

opened, the solid ground up in a mortar and pestle and then trans-

ferred to eight sample bottles with tightly fitting lids in a dry 

box. The bottles and mortar and pestle had previously been dried 

in a vacuum oven at 120°C for twelve hours. The filled sample bot-

tles were stored over P205 in a dessicator until needed and a second 

ampule was not opened until all of the previous sample had been used. 

There was enough chloride eutectic in each sample bottle for four 

complete runs. 

The inner melt container (A), a small powder funnel, a nitrogen 

bubbler and an electrode compartment were cleaned in the normal man-

ner and baked at 550°C for 24 hours before placing them in the chlo-

ride preparation apparatus (Figure 12.11). The apparatus was then 

closed, evacuated and heated to 400°C in the furnace to dry the inner 

portions of the apparatus. At the end of two hours, the vacuum was 

released using the purified nitrogen and while 

flow of nitrogen through the cell, the top was 

chloride eutectic quickly transferred from the 

maintaining a steady 

removed, and the solid 

sample bottle into the 

inner melt container with the aid of the small powder funnel. The 

apparatus was evacuated after the powder funnel had been removed and 

the top put back on the apparatus. During the fusion of the solid 
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Figure 12.11 Apparatus to Fill Electrode Compartments with Chloride Melt 

A - 45/50 ground joint, B - electrode compartment, C - liner 
to protect outer wall of cell, D - storage container for 
electrode compartment and nitrogen bubbler, E - vacuum, 
F - source of nitrogen, G - melt container, H - furnace, 
I - temperature probe for controller 
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and for twelve hours afterwards a vacuum was maintained (sue 0.1 mm 

Hg) in the cell to remove the chlorine from the melt. A two hour 

period of purging with nitrogen followed while a flow of nitrogen 

was maintained over the melt surface. A strip of magnesium ribbon 

(Fisher Scientific Reagent Grade) which had been cleaned in hydro-

chloric acid, washed with water and dried at 120°C in a vacuum oven 

was added to the melt just before the apparatus was evacuated again. 

The active magnesium metal displaces any heavy metals in the melt 

and reacts with any chlorine left in the melt. The standard elec-

trode potential of the magnesium(II)/magnesium couple (-2.58 V) is 

large enough that it will not interfere with the operation of the 

silver(I)/silver electrode which has a standard electrode potential 

of -0.727 volts versus a platinum(II)/platinum reference electrode 

at 450°C (20). 

A minimum six hour magnesium treatment period was used in all 

of the preparations before filling the electrode compartment with 

the chloride melt. A flow of nitrogen was maintained over the chlo-

ride melt while the electrode compartment was placed in the empty 

container (B in Figure 12.11) for the next run before the re-evacua-

tion of the apparatus. 

In the chloride-nitrate solvent junction measurements, a special 

double fritted electrode compartment was used to prevent the diffusion 

of the nitrate melt into the silver(I) in lithium-potassium chloride/ 

silver half cell. A second fine porosity sintered glass frit was 

attached to the bottom of the normal electrode compartment. The 
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distance between the two frits was about 1 cm and both the lower and 

upper compartments were filled with the chloride melt. Filling the 

compartmen,:s under vacuum prevented the formation of any gas bubbles 

in the lower compartment thus ensuring good electrical contact between 

the bulk melt and the silver chloride half cell. 

A polarogram was run on the purified chloride melt at 450°C 

using a Sargent Polarograph Model XVI, a silver(I)/silver reference 

electrode and a micro platinum electrode (area = 0.128 mm2) to check 

the purity of the melt. The results, presented in terms of a one 

molal platinum(II)/platinum reference electrode in Figure 12.12 are 

in substantial agreement with previous reports (188 - 190) and no 

significant amounts of impurities could be detected by polarography 

in the chloride melt. 

12.5 Analysis of Contents of Electrode Compartments 

All of the chemical analyses were done using the standard tech-

niques and primary standards given by Ayres (334). The analytical 

weighings were made on a Mettler Gram-atic Analytical balance to the 

nearest 0.1 milligram. 

partment was determined 

dissolving the contents 

The weight of the melt in the electrode com-

by weighing the compartment before and after 

in water. The excess melt on the outside of 

the electrode compartment was removed before the initial weighing by 

momentarily placing the lower portion of the compartment in hot water, 

rinsing with deionized water and then drying at 120°C for one hour. 

To prevent contamination the lower half of the used electrode compart-

ments were never reused in another experiment. 
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Figure 12.12 Polarogram of (Li,K)C1 Eutectic Melt at 450°C 

Area of micro platinum electrode = 0.128 mm2

* potential of the 1.0 molal Ag(I)/Ag reference electrode 
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12.5.1 Nitrite analysis 

The acidic aqueous nitrite solutions were treated with a measured 

excess of standardized potassium permanganate solution to oxidize the 

nitrite ion to the nitrate ion. The excess potassium permanganate 

was then back-titrated with a known sodium thiosulfate solution in 

the presence of potassium iodide and starch as an indicator. The 

average purity of 99.6 + 0.2% for the purified sodium nitrate salt 

was determined from three separate trials. The small error may be 

due to small amounts of the potassium salt. 

2141104- + 5NO2- + 651- = 2Mnt+ + 51\103- + 3H20 (12.10) 

2Mn04- + 10I- + 16Ht = 2Mn-1-1- + 8H
2
0 + 51

2 
(12.11) 

512 + 10S2032- = 10I-+ 12S4062- (12.12) 

12.5.2 Chloride analysis 

The chloride was determined gravimetrically in the form of 

silver chloride using silver nitrate as the precipitating agent. 

The silver chloride was collected in a sintered glass crucible of 

a fine porosity. Analysis showed that the purified lithium-potassium 

chloride eutectic contained 63.82 + 0.05 percent chloride. The 

theoretical chloride percentage based on a 59 mole percent mixture 

of lithium chloride is 63.79%. 

Ag(I) + Cl- = AgCl (12.13) 

12.5.3 Sulfate analysis 

Barium chloride was used to precipitate the sulfate ion in the 

form of barium sulfate which was collected and weighed in a fine 
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porosity sintered glass crucible. The alkali metal sulfate eutectic 

was found experimentally to contain 79.26 + 0.05% sulfate by weight 

which compares well with the theoretical value of 79.20%. 

Ba(II) + S042- = BaSO4 (12.14) 

12.5.4 Lithium analysis 

The lithium samples were analyzed using a Perkin-Elmer Atomic 

Absorption Spectrophotometer, Model 303. A calibration curve (Fig-

ure 12.13) was constructed using seven samples in the concentration 

range of 2 to 16 ppm lithium prepared from a Fisher Scientific lithium 

reference standard solution (1000 ppm). The results for the lithium 

analysis of the various solvents arr' summarized in Table 12.2 and in 

all cases the results are in agreement with the values calculated 

from the molecular weights of the salts. 

12.5.5 Sodium analysis 

A Coleman Flame Photometer, Model 21, with a 21-207 sodium filter 

was used to analyze for sodium in the aqueous solutions. Standard sam-

ples ranging in concentration from 2 to 16 ppm of sodium were made up 

from a sodium Flame Standard Solution (100 ppm from Fisher Scientific) 

to construct a calibration curve (Figure 12.14). The analysis of the 

me. for sodium (Table 12.2) were in agreement with the calculated 

values. 

12.5.6 Potassium analysis 

A 21-203 potassium filter was used in the Coleman Flame Photometer 

in the analysis for potassium. A potassium Flame Standard Solution 
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TABLE 12.2 

ANALYTICAL RESUT,TS FOR THE ANALYSIS OF VARIOUS MELTS FOR ALKALI METALS 

Melt Lithium Sodium Potassium 

+ 0.1% Expt. % Cale. + 0.2% Expt. % Calc. + 0.2% Expt. % Calc. 

NaNO2 0.0 0.00 33.0 33.32 0.1 0.00 

LiNO3 10.1 10.07 0.0 0.00 0.0 0.00 

NaNO
3 

0.0 0.00 27.1 27.05 0.1 0.00 

KNO3 0.0 0.00 0.0 0.00 38.8 38.67 

(Li,Na)NO3 4.9 4.91 13.9 13.85 0.0 0.00 

(Li,K)NO3 5.0 4.99 0.0 0.00 19.5 19.52 

(Na,K)NO3 0.0 0.00 10.9 11.02 22.9 22.91 

(Li,K)C1 
1 

7.4 7.37 0.0 0.00 28.7 28.84 

(Li,Na,K)2SO4 9.0 8.92 3.0 3.03 8,7 8.70 



0.8 

0.6 

Coarse gain = 5 
Lamp current = 8 mA 
Acetylene = 5 
Air = 15 lb. 

= 323m

10•111••11111 

Figure 12.13 Calibration Curve for Lithium Analysis by Atomic Absorption 
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Figure 12.14 Calibration Curve for Sodium Analysis by Flame Photometry 
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(100 ppm from Fisher Scientific) was diluted down to give several 

samples ranging from 2 to 16 ppm potassium. The calibration curve 

from the potassium knowns is given in Figure 12.15 and the results 

from the analysis of the melts for potassium are given in Table 12.2. 

The results in Table 12.2 show that potassium salts occur as a slight 

impurity in some of the sodium salts; however, good agreement with 

the calculated values is observed throughout the table when the exper-

imental error is taken into consideration. 

12.5.7 Silver analysis 

The silver was analyzed for by one of two methods depending 

upon the silver(I) concentration in the melt. The silver was deter-

mined gravimetrically if the silver(I) concentration was in excess 

of 0.2 molal which was equivalent to about 0.1 grams of silver chlo-

ride for the average weight of melt in the electrode compartment 

(3.5 grams). The majority of the silver analyses were done on dilute 

solutions of silver(I) (m <:".. 0.01) using a Techtron Atomic Absorption 

Spectrophotometer, Model AA-100. Standard silver solutions ranging 

from 1 to 6 ppm were prepared by diluting a Fisher Scientific Silver 

Reference Standard Solution containing 1000 ppm silver. The silver 

atomic absorption calibration curve is given in Figure 12.16. 

The silver analysis was used as a check on the amount of silver 

generated according to the coulometer as well as the amount due to 

the corrosion of silver wire (chapter 7.5, page 142). 

The calculations of the silver(I) on the molal, molar and mole 

fraction scales were done on an IBM 1130 or IBM 360-50 computer. 
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Figure 12.15 Calibration Curve for Rotassium Analysis by Flame Photometry 
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Figure 12.16 Calibration Curve for Silver Analysis by Atomic Absorption 
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The final weight of melt in the electrode compartment includes the 

silver salt plus the alkali metal salt, thus it was necessary to 

calculate backwards to evaluate the actual weight of solute and 

solvent at each concentration level in the experiment. It was 

assumed that for every micro-equivalent of silver(I) generated in 

the electrode compartment one micro-equivalent of alkali ion would 

leave the compartment through the frit since, as a rule, the smaller 

cations are more mobile than the bulky anions. The information 

required for each run was the total number of micro-equivalents of 

silver(I) generated, the final weight of the melt, the equivalent 

weight of the solvent, the equivalent weight of the silver salt, the 

density of the solvent and the total number of micro-equivalents of 

silver(I) generated at each concentration level. The computer pro-

gram used to do the calculations is given in Appendix A.2 (page 334). 

12.6 Density Measurements 

All of the density measurements were made using the bouyancy 

method and the apparatus is shown in Figure 12.17. A silver bob 

(about 2 cm diameter and 2 cm length), suspended on a 1 mm diameter 

silver wire below an analytical balance, was immersed to a depth of 

10 + 1 mm below the surface of the melt in the glass container by 

raising the container with the screw jack stand. The error of + 1 

mm represents a volume of + 8.0 x 10-4 cc which when compared to 

the total volume of the bob (about 3.8 cc) represents an error of 

only + 0.02%. The temperature of the melt was measured by a chromel-
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Figure 12.17 Density Apparatus 

A - metal cap, B - thermocouple, C - temperature controller 
probe, D - furnace, E - melt, F - screw jack stand, G - to 
analytical balance, R - silver wire and bob, I - glass wool, 
J - enclosed stand to support furnace and balance 
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alumel thermocouple immersed in the melt along with the probe for 

the temperature controller (see Figure 12.7 for controller heating 

circuit). The sides of the stand used to support the apparatus and 

the top of the melt container were covered with aluminum foil to 

prevent thermal convection currents. 

The melts were prepared in the normal manner and after each 

change in temperature, the weight and the temperature were not 

recorded until the two values remained constant to + 0.0005 grams 

and + 0.25°C, respectively, for 15 minutes. The densities were 

measured during both a heating and cooling series to average out 

any nonisothermal conditions that may exist in the system. The 

volume of the bob was calibrated using pure sodium nitrate and the 

results for the calibration and density measurements have been dis-

cussed in chapter 7.4 (page 128). 

12.7 Nonisothermal Furnace 

The nonisothermal furnace consisted of a U-shaped piece of glass 

tubing with each limb wrapped with separately controlled heating tapes 

(Figure 12.18). Two sintered glass disks were incorporated in the 

glass tubing to retard the thermal diffusion of the ions in the melt 

(Soret effect). A central tube was added to the cell to facilitate 

the filling of the cell with the melt and to provide electrical con-

tact with the melt. The glass cell was protected from any ac inter-

ference from the heating tapes by wrapping the cell with aluminum 

foil before attaching the heating tapes. 
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Figure 12.18 Cell for Thermoelectric Studies 

A - foil-wrapped rubber stopper, B - foil 
D - 20 mm, fine fritted disk, D - heating 
F - N2 inlet, G - probe for melt temperatu 
lined inlet for electrode compartment, 

connected to right temperature controller 

(earthed) wrapped Pyrex cell, C - melt, 
tape connected to left temperature controller, 
re controller, H - thermocouple, I - glass-
- upper level of insulation, K - heating tape 



The procedure for filling and the positioning of the electrode 

compartments in each limb of the furnace was the same as that used 

for the isothermal measurements. The temperature of each limb could 

be varied independently by the use of the two controllers and a maxi-

mum temperature gradient of about 100°C could be realized between the 

two electrodes. After each temperature change the thermal stabiliza-

tion in each half cell was achieved after 15 to 60 minutes depending 

upon the magnitude of the increment. The temperature gradient was 

reversed and the results for the two measurements were combined to 

eliminate any potentials due to the Soret effect. The results for 

the various cells examined are given and discussed in chapter 9 

(page 211). 

12.8 Gas Electrode Design 

The final design used for all of the gas electrodes consisted 

of a piece of 8 mm glass tubing with a roll of platinum or gold 

gauze sealed in one end. The complete details of the electrode are 

presented in Figure 12.19. 

It was necessary to prepare the roll of platinum gauze in a 

special manner to provide for the free passage of the gases through 

the gauze after it has been sealed into the glass tubing. The top 

one-quarter inch of a piece of 3/4 inch by 3 inch, 50 mesh platinum 

wire gauze (obtained from Johnson, Matthey and Mallory, Ltd.) was 

folded over to double the thickness along the top of the gauze. 26 

gauge platinum wire was then coiled in a zig-zag fashion across the 
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Figure 12.19 Design of Gas Electrode 

A 

- set screws, B - micrometer screw, C - support stand, 
D - gas inlet, E - platinum lead wire, F - platinum 
gauze electrode 
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upper half of the gauze before the entire assembly was rolled up 

lengthwise to form the final gauze electrode. Only the upper por-

tion of the gauze containing the platinum lead wire was sealed into 

the glass leaving approximately one-quarter inch of gauze exposed 

below the glass. The heavier pltainum wire created small channels 

through the gauze where it was sealed in the glass for the passage 

of the gases. A special micrometer electrode holder with a travel 

of 1.5 mm per revolution of the dial was used for the vertical adjust-

ment of the gas electrode in the melt. The gas electrode was used 

in a fritted electrode compartment inserted through the central 

inlet to the isothermal furnace. The reference electrode compart-

ment was in one of the side inlets and the thermocouple-counter elec-

trode compartment was in the other inlet. A slow flow of nitrogen 

through the gas electrode was started before the electrode was adjust-

ed to a depth in the melt just above the point at which bubbling 

occurred. If there was no flow of gas through the electrode when 

it was immersed in the melt, the capillary action tended to draw so 

much melt up into the metal gauze that it was difficult to obtain a 

proper gas flow through the electrode afterwards. The top of the 

gas electrode and te delivery tube from the gas control system were 

wrapped with a heating tape to preheat the gases to the cell tempera-

ture to obtain better equilibrium conditions. 

The tap on the top of the gas electrode provided an outlet so 

that the gases in the system could be quickly flushed out with nitro-

gen. A piece of tubing connected through a dry ice trap to a water 
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aspirator was used to collect the gases emerging from the top of the 

gas electrode compartment. The results for the various gas electrode 

systems have been given and discussed in chapter 10 (page 223). 

12.9 Gas Control System and Analysis 

12.9.1 Gas purification 

The commercial nitrogen was purified by passing it through a 

24 iach iron pipe heated to 325°C and filled with copper mesh to 

remove the oxygen and then through a 3 foot molecular sieve (type 5A) 

column to dry the gas. Copper tubing was used to carry the purified 

nitrogen to the various parts of the experimental set up, since oxy-

gen will slowly diffuse through the wall of tygon or rubber tubing. 

The purity of the nitrogen was checked by bubbling it slowly through 

a dilute acidic chromous sulfate solution in a gas washing tower. 

The commercial nitrogen, 99.8% pure, turned the blue chromous solu-

tion to the green chromic color in about one minute, whereas after 

8 hours of bubbling with the purified nitrogen there was no percep-

tible change in the blue color. This indicates that the oxygen level 

had been reduced by a factor greater than 480. 

The commercial oxygen was dried in a 2 foot molecular sieve col-

umn with no further purification. The nitrogen dioxide was obtained 

from Matheson of Canada Ltd. in the form of liquid nitrogen tetroxide 

(minimum purity of 99.5%) and was used without further purification. 

The E.H. Sargant and Company supplied the sulfur trioxide which was 
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used without any additional purification. 

12.9.2 Gas control system 

The flows of the nitrogen, oxygen and nitrogen dioxide were 

controlled using stainless steel micro-flow valves, Model 151, from 

Matheson of Canada Ltd. The flows were measured using pressure dif-

ferential flow meters and n-Butyl Phthalate in the manometers. The 

nitrogen and oxygen flow meters were similar in design to that for 

the nitrogen dioxide shown in Figure 12.20 except they were not ther-

mostated. The entire gas control system consisted of the three flow 

meters connected in series with an open-ended n-butyl phthalate 

manometer to measure the excess pressure in the system over that of 

the atmosphere. The nitrogen and oxygen flow meters were calibrated 

using a bubble meter and the results are plotted in Figures 12.21 and 

12.22, respectively (atmospheric pressure = 705.2 mm Hg and the tem-

perature = 24.8°C). The internal pressure of the gas system was 

varied from 6 to 310 mm n-butyl phthalate in excess of the atmospheric 

pressure during the calibration of the flow meters with no observable 

effect on the flow rate. A least squares fit of the two sets of data 

was used to obtain the equations for the flow rate of the nitrogen 

gas. 

Flow (N
2
) = Q P x 0.4329 cc 

(N2) 
minute-1 (mm n-butyl 

phthalate)-1

(12.15) 

and the oxygen gas 

Flow (02) = AP x 0.1839 cc minute-1 (mm n-butyl 
(02) 

phthalate) l 
(12.16) 
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Figure 12.20 Nitrogen Dioxide Flow Meter 

A - liquid traps, B - mm scale, C - n-butyl phthalate, 
D - water jacket, E - capillary, F - micro, flow valve, 
G - to NO

2 supply 
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Figure 12.22 Calibration Curve for Oxygen Flow Meter 
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Using the ideal gas law, equations 12.15 and 12.16 were converted 

into units of moles minute-1 to give the following equations: 

Flow (N2) A p ) x 1.643 x 10-5 moles minute-1 (mm n-butyl 
2 phthalate)-1

(12.17) 

Flow (02) = PAP
(0 ) 

x 0.6979 x 10-5 moles minute-1 (mm n-butyl 
2 phthalate)-1

(12.18) 

The 21.15°C normal boiling point of dinitrogen tetroxide made 

it necessary to heat the tank of liquid nitrogen tetroxide to obtain 

a usable pressure of the gas. The flow meter was thermostated at 

65°C and the delivery tubes were heated to about the same tempera-

ture with a heating tape to prevent the condensation of the dinitro-

gen tetroxide. The flow meter was calibrated by collecting the 

nitrogen dioxide in a half saturated potassium hydroxide solution 

for a given time at a given AP
(NO2) 

and then the excess base was 

back-titrated with hydrochloric acid. 

N204 = 2NO2

2NO2 + H2O = HNO3 + HNO2 

(12.19) 

(12.20) 

The results for the calibration of the flow meter are plotted in 

Figure 12.23 in the form of moles of nitrogen dioxide minute-1 versus 

AP in mm n-butyl phthalate. A least squares fit of the data 
0102) 

relates the flow rate of the nitrogen dioxide to the pressure dif-

ferential recorded on the flow meters manometer by the equation 

Flow (NO2) AP (NO2) x 1.184 x 10-5 moles minute-1 n-butyl 

phthalate)-1

(12.21) 
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Figure 12.23 Calibration Curve for Nitrogen Dioxide Flow Meter 
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The partial pressure of each gas in the mixture can be calcu-

lated by Dalton's Law of Partial Pressures since the dinitrogen 

tetroxide dissociates completely into nitrogen dioxide at the cell 

temperature (T > 250°C). The total pressure in the system is 

given by 

P 

P
exc. 

x 1.048 

atm. 13.59 

760 
atm. (12.22) 

where 
Patm. 

is the atmospheric pressure in mm of mercury and 

is the excess pressure in the system in mm of n-butyl Pexc. 

phthalate. 

The computer program given in Appendix A.3 (page 336) was used to 

calculate all of the partial pressures and logarithms of partial 

pressures required in the emf calculations. The total number of 

moles flowing per minute was used as a measure of the over-all flow 

rate of gases through the gas electrode. 

The highly corrosive nature of the sulfur trioxide prevented 

the use of a flow meter since the gas attacked the n-butyl phthalate 

and all of the other liquids which are satisfactory to use in a 

manometer. 

It was necessary to use an apparatus similar to the one used 

by Ketelaar and Dammers-de Klerk (174) in their nitrogen dioxide-

oxygen gas electrode experiments. The nitrogen and oxygen flow 

meters previously described were used to bubble a gas mixture at a 

known rate and composition through the liquid sulfur trioxide in the 
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boiling flask (Figure 12.24). The temperature of the boiling flask 

was maintained at about 10°C above that of the condensing column to 

ensure a saturation of the gas stream with the sulfur trioxide. By 

varying the temperature of the condensing column the partial pressure 

of the sulfur trioxide in the gas mixture could be changed to any 

desired value. The excess sulfur trioxide was collected in the small 

bulb at the bottom of the condensing column as the gases passed 

through the column. All of the connecting glass tubing was 1 mm 

inside diameter to eliminate as much dead space as possible. The 

portions of tubing which sulfur trioxide passed through were heated 

to more than 50°C by either heating tape or infra red heat lamps to 

prevent the formation of any condensate. 

The vapor pressure of the sulfur trioxide is given by 

log(7601) ,1 ) -= 10.022 - 2269.4/T°K Sv3 (12.23) 

where T is the temperature of the condensing column (335). The sum 

of the partial pressures of the oxygen, Po , and the nitrogen, PN
2 2 

is given by 

P -PSO3 = P
N2 
+ P

02 
(12.24) 

where P is the atmospheric pressure and all of the pressures are 

expressed in atmospheres. The flow rates of the oxygen, N(02), and 

nitrogen, N(N2), expressed as moles minute-1 are given by equation 

12.18 and equation 12.17, respectively. The total flow rate, N
(total)' 

in moles minute-1 is given by 

(N(N2) N (02) )P 

N
(total) P - P 

SO3 

325 

(12.25) 



Figure 12.24 Apparatus to Control P 
SO3

A - gas outlet to gas electrode, B - thermostated bath, C - condensing column, D - delivery 
tubes heated by an infrared lamp, E - thermometer, F - 0 2 and 1i gas mixture inlet, 
G - 250 ml flask, H - liquid SO3, T - heating mantle 



and the partial pressures of the oxygen and nitrogen are given by 

and 

P N to 2\
\ ' -,-. 

PO 2 N(total) 

(12.26) 

P N(N2) 

PN N( 
2 

(12.27) 
total) 

respectively. Using the total flow rate it is possible to calculate 

the flow rate of the sulfur trioxide in moles minute
-1 by the equa-

tion 

N
(SO3) 

PSO
3 
N(total) 

P 
(12.28) 

The sulfur trioxide content of the final gas mixture was checked 

by collecting it in a cold trap and then weighing it. The results in 

Table 12.3 show that the calculated quantities of sulfur trioxide are 

in agreement with the experimental values. The design and the proce-

dure for the operation of the gas electrode has been given previously 

in chapter 12.8. 

327 



TABLE 12.3 

ANALYSIS OF GAS MIXTURE FOR SULFUR TRIOXIDE 

Temperature 

Condensing Column 
oc

AP 02 
Oxygen Flow Meter 

(mm) 

Time 

(min.) 

Flow Rate 

of SO3

(gms/min) 

Calc. Weight 

of S03

(gms) 

....._____ 

Expt. Weight 

of SO3 

(gms) 

7 Difference 

35.0 18 60.0 0.01722 1.033 1.012 -2.0 

34.2 13 60.0 0.01099 0.659 0.669 +1.5 

28.5 15 90.0 0.00653 0.588 0.601 +2.2 

41.3 17 30.0 0.07410 2.220 2.205 -0.7 



APPENDIX A 

Computer Programs 

Most of the programs were originally written using Fortran II 

for an IBM 1130 computer and then converted using Fortran IV for an 

IBM 360-50. No plotter was available, thus a plotting subroutine, 

G 402 P, was written to plot the results from the various programs. 

Index to Programs 

A.1 - Silver Corrosion in Melts 

A.2 - Silver Concentrations in Melts 

A.3 - Gas Pressures for Nitrate Electrode 

A.4 Least Squares Straight Line: error in only one variabk 

A.5 Least Squares Straight Line: er-or in both variables 

A.6 Data Fitting to nth Order Polynomial 

A.7 Plotting Subroutine: G 402 P 

A.8 Determinant Subroutine: G 402 T 
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A.1 - SILVER CORROSION IN MELTS PAGE 1 

C A  1 - SILVER CORROSION IN MELTS CORR 1 
C CORR 2 
C CALCULATE SILVER CORROSION IN NITRATE MELTS CORR 3 
C CORR 4 
c***********************************************************************coRR 5 
C CORR 6 

O C PROGRAMMER L.BOXALL SEPT. 1969 CRR 7 
C CORR 8 
C INPUT ON CARDS CORR 9 
C COL. 1 = INDICATOR CORR 10 
C = BLANK -DATA CARD CORR 11 
C = 1 -DESCRIPTION CARD CORR 12 
C = 2 -END CF JOB CORR 13 
C CARD SEQUENCE , 1 DESCRIPTION CARD THEN DATA CARDS FOR EACH RUN , CORR 14 
C AFTER LAST RUN END OF JOB CARD CORR 15 
C ARRANGE DATA CARDS IN INCREASING SILVER CONC. SEQ.CORR 16 
C IF A DECREASE IS ENCOUNTERED/THE LOW CONG. CARD CORR 17 
C IS TREATED AS A FIRST CARD OF A NEW SUBSET OF CORR 18 
C DATA UNDER THE TITLE OF THE RUN ON THE PREVIOUS CORR 19 
C DESCRIPTION CARD CORR 20 
C DESCRIPTION CARD CORR 21 
C COL. 1 = 1 CORR 22 
C 2-10 = TEMPERATURE DEG.0 CORR 23 
C COL. 31-70 = TITLE OF RUN CORR 24 
C DATA CARD CORR 25 
C COL. 1 = BLANK CORR 26 
C COL. 2-10.= LOG (MOLE FRACTION SILVER GENERATED TODATE) CORR 27 
C COL. 11-20 = OBSERVED VOLTAGE,VOLTS CORR 28 
C COL. 21-30 = LIQUID JUNCTION POTENTIAL/VOLTS CORR 29 
C END OF JOB CARD CORR 30 
C COL. 1 = 2 CORR 31 
C OUTPUT ON PRINTER CORR 32 
C TWO LINES PER DATA CARD, ONE BEFORE CORRECTION AND ONE CORR 33 
C AFTER CORRECTION CORR 34 
C RT LN(ACT.COEF.) = W(1-N)(1-N) CORR 35 
C INCLUDE DECIMAL POINT IN ALL REAL NUMBER INPUT CORR 36 
C CORR 37 
c***********************************************************************coRR 38 
C CORR 39 

DIMENSION DES(10) CORR 40 
109 FORMAT(' 1 /E11.4, 6F12.4/26X/F13.4) CORR 41 
110 FORMAT(' ', E11.4/6F12.41E13.4/13X 1 F13.4) CORR 42 
102 FORMAT(' I /E11.4/6F12.4/2E13.4,F13.4) CORR 43 

DIVL=ALOG(10.0) CORR 44 
IFIRST=0 CORR 45 



A.1 - SILVER CORROSION IN MELTS PAGE 2 

C1=-1.000.0 CORR 46 
ICTN=O CORR 47 
TEMP=1. CORR 48 

4 READ(8,100)INDIC.V.EJOES CORR 49 
100 FORMAT(II,F9.012F10.0,10A4) CORR 50 

IF(IND)20,20,21 CORR 51 
20 IFIRST=1 CORR 52 

IF(C1-C)28,28,29 CORR 53 
28 IF(ICTN-2)22,23,23 CORR 54 
22 ICTN=ICTN+1 CORR 55 
33 V2=V1 CORR 56 

V1=V CORR 57 
C2=C1 CORR 58 
C1=C CORR 59 
EJ2=EJ1 CORR 60 
EJ1=EJ CORR 61 
GO TO 4 CORR 62 

21 IF(IFIRST-1)24,25,24 CORR 63 
24 IF(IND-1) 2,2,27 CORR 64 

ww
t.... 

27 
C 

CALL EXIT 
NEW SET OF DATA , WRITE HEADINGS 

CORR 
CORR 

65 
66 

2 TEMP=C CORR 67 
WRITE(5,101)DES,TEMP CORR 68 

101 FORMAT('LCALC. ACTIVITY COEF.1 1/00 1,10A4g/OOTEMP.=',F7.1g/p*0'g CORR 69 
15X0X1,11XOLOG(X)1 ,8X0VigIOXg'EJ6,8X0V(CHEM)°,4X0V(IDEAL)°,6X,CORR 70 
2 COEF. ,6X, 'CORR.' g8Xg DCORR. g9Xg W') CORR 71 
SCOF=0.0 CORR 72 
CCNT=0.0 CORR 73 
C1=-1000.0 CORR 74 
ICTN=0 CORR 75 
GO TO 4 CORR 76 

29 INTER = 1 CORR 77 
GO TO 30 CORR 78 

25 INTER = 2 CORR 79 
C CALCULATION OF LAST 2 DATA POINTS IN THE SET CORR 80 
30 FAC= 0.0542 +TEMP * 0.000198 CORR 81 

X1=10.00 ** C2 CORR 82 
VC1 = V2 - EJ2 CORR 83 
VII = FAG * C2 CORR 84 
COI = 10.00 **( (VC1-VII) / FAC ) CORR 85 
WI= 1.9872 *(TEMP +273.2)*ALOG(C01)/((1.0-X1)*(1.0-XI)) CORR 86 
WRITE(5,109) Xl 1C20/2 g EJ2IVCIIVII,COlgW1 CORR 87 
X = 10.00 ** Cl CORR 88 
VC = V1- EJI CORR 89 
VI = FAC * Cl CORR 90 
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CO = 10.00 **( (VC-VI) I FAG ) 
Z = 10.00 **( (VC-VC1) / FAC) 
CORR= ( (X-X1) / (Z-1.0) ) - X1 
XI = Xl+ CORR 
IF(XI) 34,34,35 

34 WRITE(5,102) XI 
GO TO 36 

35 C2 = ALOG(XI) / UIVL 
VI1 = FAC * C2 
CO1 = 10.00 **( (VCI-VI1) FAC ) 
W1= 1.9872 *(7:::MP +273.2)*ALOG(C01)/((1.0-X1)*(1.0-X1)) 
WRITE(5,110) XI,C29V29EJ29VC101119 C01,CORR,W1 
SCOF=SCOF+CO1 
CCNT=CCNT+1.0 
W = 1.9872 *(TEMP +273.2)*ALOG(C0)/((1.0-X)*(1.0-X)) 

36 WRITE(59109) X9C19V19EJ19VCIVI,C09W 
X = X + CORR 
IF(X) 37937 138 

37 WRITE(5,102) X 
GO TO 39 

38 Cl = ALOG(X) / DIVL 
VI = FAC * Cl 
CO = 10.00 **( (VC-VI) I FAC) 
W = 1.9872 *(TEMP +273.2)*ALOG(C0)/((1.0-X)*(1.0-X)) 
WRITE(59110) X ,CI,V1,EJ1,VC ,VI ,CO ,CORR,W 
SCOF=SCOF+CO 
CCNT=CCNT+1.0 

39 SCOF=SCOF/CCNT 
WRITE(6,103)SCOF 

103 FORMAT('OAVERAGE COEF = ',F8.4) 
SCOF=0.0 
CCNT=0.0 
WRITE(59108) 

108 FORMAT( °0--'975X9' 1 11) 

31 IC 
GO 

TN= 
TO(31924)9INTER 
1 

GO TO 33 
C CALCULATION USING 3 DATA POINTS 
23 FAC = 0.0542 + TEMP * (1.0001984 

X2 = 10.00 ** C2 
XI = 10.00 ** Cl 
X = 10.00 ** C 

VC 
VC 2 = 

VI 
V2 - 

- J1
EEJ2 

1 = 
VC = V - EJ 

CORK 91 
CORR 92 
CORR 93 
CORR 94 
CORR 95 
CORR 96 
CORR 97 
CORR 98 
CORR 99 
CORR 100 
CORR ICI 
CORR 102 
CORR 103 
CORR 104 
CORR 105 
CORR 106 
CORR 107 
CORR 108 
CORR 109 
CORR 110 
CORR 111 
CORR 112 
CORR 113 
CORR 114 
CORR 115 
CORR 116 
CORR 117 
CORK 118 
CORR 119 
CORR 120 
CORR 121 
CORR 122 
CORK 123 
CORR 124 
CORR 125 
CORR 126 
CORK 127 
CORK 128 
CORR 129 
CORR 130 
CORR 131 
CORR 132 
CORR 133 
CORR 134 
CORR 135 
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VI2 = FAG * C2 CORR 136 
CO2 = 10.00 **( (VC2-VI2)/FAC) CORR 137 
W2= 1.9872 *(TEMP + 273.2)*ALOG(CO2)/((1.0-X2)*(1.0-X2)) CORR 138 
WRITE(5,109) X2,C20/2,EJ2,VC2,VI2,CO2,W2 CORR 139 
Z1 = 10.00 **( (VC1-VC2) / FAC ) CORR 140 
Z = 10.00 **( (VC -VC1) / FAC ) CORR 141 
CORRI=UX1-X2) / (Z1-1.0)) - X2 CORR 142 
CORR= ((X -X1) / (Z -1.0)) - X1 CORR 143 
DELC= CORR - CORR1 CORR 144 
CORR= ( (X1-X2+DELC) / (Z1-1.0)) - X2 CORR 145 
X2 = X2 + CORR CORR 146 
IF(X2) 40,40,41 CORR 147 

40 WRITE(5,102) X2 CORR 148 
GO TO 33 CORR 149 

41 C2 = ALOG(X2)/ DIVL CORR 150 
VI2 = FAC * C2 CORR 151 
CO2 = 10.00 **( (VC2-VI2) / FAC ) CORR 152 
W2= 1.9872 *(TEMP + 273.2)*ALOG(CO2)/((1.0-X2)*(1.0-X2)) CORR 153 
WRITE(5,102) X2,C2,V2,EJ2,VC2,V12,CO2,CORR,DELC,W2 CORR 154 
SCOF=SCOF+CO2 CORR 155 
CCNT=CCNT+1.0 CORR 156 
GO TO 33 CORR 157 
END CORR 158 
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C 
C 

A.2 — SILVER CONCENTRATIONS IN MELTS PAGE 

A 2 — SILVER CONCENTRATIONS IN MELTS CONC 
CONC 

CALCULATE CONCENTRATIONS IN MOLTEN SALTS CONC 
CONC 

1 

1 
2 
3 
4 

VA****************************************v************M**************CONC 5 
C CONC 6 
C PROGRAMMER L.BOXALL AUGUST ,1968 CONC 7 
C C C 8 
C CARD INPUT SEQUENCE , PARAMETER CARD, DATA CARDS AND THEN A CONG 9 
C DESCRIPTION CARD FOR EACH RUN , END OF JOB CARD AFTER ALL CONC 10 
C TRIALS HAVE BEEN RUN CONC 11 
C PARAMETER CARD CONC 12 
C COL. 1-10 = TOTAL MICROEQUIV. GENERATED IN THE FINAL MELT CONC 13 
C COL. 12 = BLANK CONC 14 
C- COL. 13-20 = NUMBER OF EQUIV./MOLE OF SPECIES GENERATED CONG 15 
C COL. 21-30 = FINAL WEIGHT OF CONTENTS IN THE FRIT CONG 16 
C COL. 31-40 = EQUIV. WEIGHT OF SOLVENT CONC 17 
C COL. 41-50 = EQUIV. WEIGHT OF SALT OF ELECTROACTIVE SPECIES CONG 18 
C COL. 51-60 = DENSITY OF SOLVENT CONC 19 

w C DATA CARD CONC 20 
C COL. 1-10 = NUMBER OF MICROEQUIV. GENERATED IN MELT CONC 21 
C COL. 11-12 = BLANK CONC 22 
C DESCRIPTION CAR 

D
23 

C = 1 COONC COL. 12 CO 24 
C COL. 31-78 = TITLE GF RUN CONC 25 
C END OF JOB CARD CONC 26 
C COL. 12 = 2 CONC 27 
C INCLUDE DECIMAL POINT IN ALL REAL NUMBER INPUT CONC 28 
C OUTPUT ON PRINTER CONC 29 
C CONC 30 
C***********************************************************************CONc 31 
C CONC 32 

IMPLICIT REAL*8(A—H),REAL*8(0—Z) CONC 33 
20 IND=0 CONC 34 

READ(81100)EQF,IND/F IWTF/WTM/WTE,DEN CONC 35 
100 FORMAT(F10.0,I2 1F8.0,4F10.0) CONC 36 

IF(IND-1)5/5,4 CONC 37 
5 WRITE(5/104) CONC 38 
104 FORMAT(g1CALC. MOLALITY, MOLE FRACTION AND MOLARITY IN FUSED SALTSCONC 39 

1') CONC 40 
WRITE(5,102)EQF,F,WTF,WTM,WTE CONC 41 

102 FORMAT(gOTOTAL MICRO EQU.="/F10.31/,' FACTOR =',F10.3// / g FINAL WTCONC 42 
1.="/F10.4,/,' EQU.WT.MELT =',F10.31/0 EQU.WT.ELECT.=',F10.3) CONC 43 
WRITE(5,106)DEN CONC 44 

106 FORMAT(' DENSITY =epF10.5p/gOMICRO EQU. MOLALITY LOG MOLAL MCONC 45 
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TOLE FRAC. LOG MOLE F MOLARITY LOG MOLAR') 

PAGE 

CONG 

2 

46 
F=1.0/F CONC 47 

3 READ(81101)EQT,IND,D1,02,03,04,135,136 CONC 48 
101 FORMAT(F10.01I2,18X,6A8) CONG 49 

IF (1ND-1) 1,2,2 CONG 50 
1 AMT=EQT*F*0.001 CONC 51 

D=WTF+ (EQF*( WTM-WTE)-EQT*WT M)*0.000001 CONC 52 
AMT=AMT/D CONC 53 
AL=DLOG(AMT)/2.3026 CONG 54 
X=EQT*F*WTM/(D*1000000.0+EQT*F*WTM) CONC 55 
B LX=DLOG ( X) /2.3026 CONC 56 
I3M=EQT*F *O. 001*DE N/ 0 CONC 57 
BLM=DLOG(8M)/2.3026 CONC 58 
WRITE(5,103)EQT I AMT,AL,X,13LXIBMIBLM CONC 59 

103 FORMAT( * ,F10.4,F12.7 ,F12.6,E12.39F12.6, F12.7, F12.6) CONC 60 
GO TO 3 GONG 61 

4 CALL EXIT CONG 62 
2 WRI TE(5,105)D1,02,03,0405,06 CONC 63 
105 FORMAT( 1, 0 , ,6A8) CONC 64 

IF ( IND-2) 20,4,4 CONC 65 
END CONC 66 
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Co A.3 — GAS PRESSURES FOR NITRATE ELECT RODE GA SP 1 
C GA SP 2 
C CALCULATE GAS PRESSURES FOR NITRATE ELECTRODE GA SP 3 
C GA SP 4 
C***********************************************************************GASP 5 
C GA SP 6 
C PROGRAMMER L. BOXALL JULY 1968 GASP 7 
C GA SP 8 
C INPUT CARD SEQUENCE — DESCRIPTION CARD, DATA CARDS THEN END OF GASP 9 
C DA TA SET OR END OF JOB CARD GA SP 10 
C DESCRIPTION CARD GA SP 11 
C COL. 1-48 = TITLE CF RUN GA SP 12 
C DATA CARD ' GASP 13 
C COL. 5— 9 = ATMGSPHERIC PRESSURE ,ATM. GA SP 14 
C COL. 10-14 = PRESSURE DIFFERENCE FOR OXYGEN GASP 15 
C COL. 15-19 = PRESSURE DIFFERENCE FOR NO2 GA SP 16 
C COL. 20-24 = PRESSURE DIFFERENCE FOR NITROGEN GA SP 1T 
C COL. 25-30 = EXCESS PRESSURE DIFFERENCE IN THE SYSTEM GA SP 18 
C END OF DA TA SET CARD GA SP 19 
C C OL . 1 = 1  20 
C END O F JOB CARD GASP 2/ 
C COL. 1 = 2 GA SP 22 
C INCLUDE DECIMAL POI NT IN ALL REAL NUMBER INPUT GA SP 23 
C GA SP 24 
C***********************************************************************GA5P 25 
C . GASP 26 
2 WRI TE ( 5 1100) GA SP 27 
100 FORMAT ( 11GAS PRESSURES CALCULATION') GA SP 28 

READ ( 8,101) Al ,A21A3 p A4 p A5 , A6 T A7 , A8 GASP 29 
101 FORMAT( 8A6) GA SP 30 
5 WRI TE (5 '102 )A1 p A2 s A3 ,A4 s A5 1 A6 g 47, A8 GA SP 31 
102 FORMAT( '0 ' p8A6 a, • ATP. • s9X , • OXYGEN' , 17X, ' NO2° I 15X, °NITROGEN' s LOX/GASP 32 

1 'LOG P TOTAL ' I/ g ' MMHG OIL P ATM LOG P 0 IL P ATM LOGGA SP 33 
2P OIL P ATM LOG P NO-0/2 MOLES') GASP 34 
IC T=1 GASP 35 

4 READ(8 1103 ) INDI ATM I PC, PNO,PN, PB GASP 36 
103 FORMAT( I 1 '3X15F5. 0) GA SP 37 

I NO=IND+1 GA SP 38 
GO T0(11213) 'IND GA SP 39 

1 TOT=PN*1.643+ PO*0.6979+ PNO*1.184 GASP 40 
A TC=ATM+PB*1.048/13.6 GASP 41 
ATC=ATC/760.0 GA SP 42 
PC N=A TC*PN*1.643/ TOT GA SP 43 
PCO=A TC*PO*0.6979/TOT GA SP 44 
PCNO=A TC*PNO*1.184/113T GASP 45 
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EPN=ALOG(PCN)/2.303+0.0005 GASP 46 
EPO=ALOG(PC0)/2.303+0.0005 GASP 47 
EPNO=ALOG(PCNO)/2.303+0.0005 GASP 48 
EPONO=ALOG(PCNO*PC0**0.5)/2.303+0.0005 GASP 49 
WRITE(5,104)ATM,POIPCCTEPOIPNO.PCNO.EPNOIPNI PCN I EPN I EPOrOt TOT GASP 50 

104 FORMAT{' .F4.0,2X.F4.0.2X,F6.3,2X,F6.3.2X,F4.0,2X,F6.3,2X,F6.3,2XGASP 51 
1.F4.0,2X,F6.312X,F6.3,2X,F6.3,2X.F6.1) GASP 52 
ICT=ICT+1 GASP 53 
IF(ICT-50)414,5 GASP 54 

3 CALL EXIT GASP 55 
END GASP 56 
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C 
C 

A 4 - LEAST SQUARES STRAIGHT LINE - ERROR IN ONLY ONE VARIABLE LSQS 1 

2C LEAST SQUARES STRAIGHT LINE - NG ERROR IN X VALUE ,HORIZONTAL AXISLSQS LSQS 3 
C LSQS 4 
C********************************************************************###LSQ5 5 
C LSQS 6 
C PROGRAMMER L.BOXALL JULY 1968 LSQS 7 
C ISQS 8 
C MAX. 50 POINTS LSQS 9 
C DATA CARDS ,CONTROL CARD -CARD SEQUENCE LSQS 10 
C DATA CARDS LSQS li 
C COL.1-10 HOR.VALUE X R.J. LSQS 12 
C COL.11-20 VERT VALUE Y R.J.- LSQS 13 
C COL.80 BLANK LSQS 14 
C CONTROL CARDS LSQS 15 
C COL.1-30 BLANK LSQS 16 
C COL.21-30 GIVEN SLOPE IF REQUIRED LSQS 17 
C IF SLOPE IS GIVEN,THE DATA IS FITTED TO BEST LINE WITH THE LSQS 18 
C GIVEN SLOPE - OTHERWISE THE PROGRAM CALCULATES ITS OWN LSQS 19 
C SLOPE LSQS 20 
C COL.31-67 COMMENTS ON DATA LSQS 21 
C COL.80 =1 PRINT CCMMENTS AND CALCULATE BEST LINE LSQS 22 
C COL.80 =2 END OF JOB NO CALCULATION PREFORMED LSQS 23 
C REJECTS ALL POINTS WITH A DEVIATION GREATER THAN TWICE THE LSQS 24 
C STANDARD DEVIATION FOR THE SET OF POINTS LSQS 25 
C PLOTS POINTS + 2 CALCULATED POINTS USING SUBROUTINE G40211 LSQS 26 
C PLOTS ONLY ORIGINAL DATA AND THEN FINAL DATA AFTER REJECTION LSQS 27 
C HAS BEEN COMPLETED LSQS 28 
C INCLUDE DECIMAL POINT IN ALL REAL NUMBER INPUT LSQS 29 
C LSQS 30 
C***********************************************************************LSO5 31 
C LSQS 32 

IMPLICIT REAL *8(A-H),INTEGER *2(I-N), REAL *8(0-Z) LSQS 33 
DIMENSION A(3),D(99),X(99)pY(99) LSQS 34 
DIMENSION IPT(99),DES(12) LSQS 35 

1 DO 2 K=1199 LSQS 36 
READ(5,100)X(K),Y(K),GVSL,DES,IND LSQS 37 

100 FORMAT(3F10.0,12A4,I2) LSQS 38 
IND=IND+1 LSQS 39 
GO TO (2,3/20,2)/IND LSQS 40 

20 CALL EXIT LSQS 41 
2 CONTINUE LSQS 42 
3 N=K-1 LSQS 43 

IDIR=1 LSQS 44 
IREJ=O LSQS 45 
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NTE ST = 1 LSQS 46 
30 CONTINUE LSQS 47 

SX= 0. LSQS 48 
SY=O. LSQS 49 
SXX=0. LSQS 50 
SYY=0. LSQS 51 
SXY=0. LSQS 52 
SD=0 LSQS 53 
SE=0. LSQS 54 
DO 4 K=1 I N LSQS 55 
SX=SX+X(K) LSQS 56 
SY=SY+Y(K) LSQS 57 
SYY=SYY +Y( K) $YtK) LSQS 58 
SXX=SXX + X (K)*X ( K) LSQS 59 

4 SXY=SXY + X (K)*Y( K) LSQS 60 
IF(N-2) 5,5,6 LSQS 61 

5 WRI TE( 6 ,101) LSQS 62 
101 FUN. '1NOT ENOUGH P01 NTS' ) LSQS 63 

GO TO 1 LSQS 64 
6 SN=N LSQS 65 

SL=SXY-SX*SY/SN LSQS 66 
SL=SL/( SXX-SX*SX/SN) LSQS 67 
8=( SY-SL*SX) /SN LSQS 68 
IF(GVSL) 31 ,32 131 LSQS 69 

31 SVSL=SL LSQS 70 
SVB =8 LSQS 71 
SL =GVSL LSQS 72 

=( SY-SL*SX) /SN LSQS 73 
32 CONTINUE LSQS 74 

DO 7 K=1 ,N LSQS 75 
D(K)=( Sl*Xt K)-Y(K)+B) L SQS 76 
D(K)=-0(K) LSQS 77 
SD=S0+1D( K) LSQS 78 

7 SE=SE+D(K)*D( K) LSQS 79 
SE=DSQRT( SE/ ( SN-2) ) L SOS 80 
R=( SXY-SX*SY/SN)/ ( (SXX-SX*SX/SN)* (SYY-SY*SY/SN ) 1**,0.5 LSQS 81 
YC 1=SL*X( 1) +13 LSQS 82 
YC2=SL*X(N) +B LSQS 83 
WRITE( 6,107)DES L SQS 84 

107 FORMAT( '1 ',12A4) LSQS 85 
WRI TE(6,108) LSQS 86 

108 FORMAT( 'OBE ST FIT ST. LINE LEAST SQUARES' ) LSQS 87 
WRI TE( 6 9102) N SQS 88 

102 FORMAT( 'ODA TA NUMBER OF POINTS =' 114 ) LSQS 89 
WRI TE(6,104) LSQS 90 
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104 FORMAT( 10 XI sl2X,IY 1 slOXsIDEV.I ) LSQS 91 
DO 8 K=1 'NI LSQS 92 

8 WRITE(6,103) X(K), Y(K) s 0(K) LSQS 93 
103 FORMAT( "sF12.5 sF12.5sF12.5 ) LSQS 94 

WRI TE( 6,105 ) SI, Bs SE, SDs R LSQS 95 
105 FORMAT( 'OSLOPE =I sF12.5 s I INTERCEPT =IP s F12.51' ST.ER . = I gF12.51/LSQS 96 

Is* SUM DE V. =' sF12.5 s' COR.COEF. =I s F12.5) LSQS 97 
WRITE(61106) X(1), YCI, X(N) s YC2 LSQS 98 

106 FORMAT( IOX( 1) =',F12.5, 6 YC(1) =',F12.5s/s I X(N) =I I F12.50 YC(NLSQS 99 
1) =',F12.5) LSQS 100 
IF (GVSL )33134133 LSQS 101 

33 WRI TE (605) SVSL gSVB LSQS 102 
35 FORMAT( IC/SLOPE WAS GIVEN AS A FIXED VALUE' S /,' BEST SLOPE =1 sF14.7LSQS 103 

110 BEST INTERCEPT =I sF14.7 a ) LZOS 104
34 CONTINUE LSQS 105 

GO TO (10,11) ,NTEST LSQS 106 
C SUPPRESS PLOTS OF INTERMEDIATE CALCULATED FITS LSQS 107 
10 DO 12 K=1 01 LSQS 108 
12 IPT( K) =19264 LSQS 109 u.) .P.-- NTEST = 2 LSQS 110 

o NS=N LSQS 111 
IF ( N-97) 13,13,14 LSQS 112 

13 N=N+1 LSQS 113 
X(N)=X(1 ) LSQS 114 
Y(N)=YC1 LSQS 115 
IPT(N)=23616 LSQS 116 
N=N+ 1 LSQS 117 
X( N)=X( N-2) LSQS 118 
Y(N)=YC2 LSQS 119 
IPT(N)=23616 LSQS 120 

C PLOT POINTS LSQS 121 
14 CALL G402P( X sY OPT gN) LSQS 122 

N=NS LSQS 123 
GO TO(11r1) sIDIR LSQS 124 

C 
11 PEST.  

TO REJECT POINT OF LARGEST DEVIATION LSQS 125

LSQS 
126 

DO 17 K=1 ,N  127 
AT= DABS(D( K) ) LSQS 128 
IF ( AH—AT) 16,17,17 LSQS 129 

16 NS=K LSQS 130 
AH=A T LSQS 131 

17 CONTINUE LSQS 132 
SE =2.0*SE LSQS 133 
IF( AH—SE )61,18118 LSQS 134 

61 IF( IRE J) 1 : 1,62 LSQS 135 
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62 IDIR=2 L SQS 136 
GO -10 10 LSQS 137 

18 NS=NS+1 LSQS 138 
DO 19 K=NS v N LSQS 139 
X( K-1 ) =X( K) 1 SQS 140 

19 VI K-1)=-Y(K) LSQS 141 
I RE J=1 LSQS 142 
N=N-1 LSQS 143 
GO TO 30 LSQS 144 
END LSQS 145 
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C A  5 — LEAST SQUARES STRAIGHT LINE — ERROR IN BOTH VARIABLES 
C 
C CALCULATE BEST FIT CURVE PERP. DISTANCE 
C 

PAGE 

PERP 

PERP 

1 

1 
4 

vo**********************************************************************pERp 5 
C PERP 6 
C PROGRAMMER L.BOxALL SEPT. 1968 PERP 7 
C PERP 8 
C MAX. 50 POINTS PERP 9 
C DATA CARDS ,CONTROL CARD —CARD SEQUENCE PERP 10 
C DATA CARDS PERP 11 
C COL.1-10 HOR.VALUE X R.J. PERP 12 
C COL.11-20 VERT VALUE Y R.J. PERP 13 
C COL.80 BLANK PERP 14 
C CONTROL CARDS PERP 15 
C COL.1-30 BLANK PERP 16 
Com. COL•31-67 COMMENTS ON DATA PERP 17 
C COL.80 =1 PRINT CCMMENTS AND CALCULATE BEST LINE PERP 18 
C COL.80 =2 END CF JOB NO CALCULATION PREFORMED PERP 19 
C REJECTS ALL POINTS WITH A DEVIATION GREATER THAN TWICE THE PER? 20 
C STANDARD DEVIATICN FOR THE SET OF POINTS PERP 21 
C PLOTS POINTS + 2 CALCULATED POINTS USING SUBROUTINE G402P PERP 22 
C PLOTS ONLY ORIGINAL DATA AND THEN FINAL DATA AFTER REJECTION PERP 23 
C HAS BEEN COMPLETED PERP 24 
C INCLUDE DECIMAL POINT IN ALL REAL NUMBER INPUT PERP 25 
C EP 
c************************************************t**********************pPERRp 

26 
27 

C PERP 28 
IMPLICIT REAL *8(A—H),INTEGER *2(I—N), REAL *B(O—Z) PERP 29 
DIMENSION A(3),D(99),X(99),Y(99) PERP 30 
DIMENSION IPT(99),DES(12) PERP 31 

1 DO 2 K=1,99 PERP 32 
READ(8,100)X(K),YfKI,DES,IND PERP 33 

100 FORMAT(2F10.0,10X,12A4,I2) PER? 34 
IND=IND+1 PER? 35 
GO TO (2,3,20,2),IND PERP 36 

20 WRITE(5,999)IND PERP 37 
999 FORMAT( 111IND =',I6) PERP 38 

CALL EXIT PERP 39 
2 CONTINUE PER? 40 
3 N=K-1 PER? 41 

IREJ=0 PERP 42 
IDIR=1 PERP 43 
NTEST = 1 PERP 44 
SX=0. PERP 45 
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SY=0. PERP 46 
SXX=0. PERP 47 
SYY=0. PERP 48 
SXY=0. PERP 49 
SD=O PERP 50 
SE=O. PERP 51 
DO 4 K=1,N PERP 52 
SX=SX+X(K) PERP 53 
SY=SY+Y(K) PERP 54 
SYY=SYY +Y(K)*Y(K) PERP 55 
SXX=SXX + X(K)*X(K) PERP 56 

4 SXY=SXY + X(K)*Y(K) PERP 57 
IF(N-2)5,516 PER? 58 

5 RITE(510I) 
WORMAT(,'1NOT 

PERP 59 
101 F ENOUGH POINTS') PERP 60 

GO TO 1 PERP 61 
6 SN=N PERP 62 

SL=SXY-SX*SY/SN PERP 63 
SL=SL/(SXX-SX*SX/SN) PERP 64 
Cl= N*SX*SY - N*N*SXY PERP 65 
C2= SY*SY*SY -2.*N*SX*SXY +SY*SX*SX +N*SY*(SXX-SYY) PERP 66 
C3= SY*SY*SXY -SX*SX*SXY +SX*SY*(SXX - SYY) PERP 67 
A1=C2*C2 -4.*C3*C1 PER? 68 
R =DSQRT(A1) PERP 69 
A(1)=0 PERP 70 
At2)=-(C2+R)/(2.*C3) PERP 71 
A(3)=-(C2-R)/(2.*C3) PERP 72 
R=10.**30 PERP 73 
CO 50 K=1,3 PERP 74 
BB=A(K)*SY/(SN+A(K)*SX) PERP 75 
RR = DABSISL- BB) PERP 76 
IF(RR-R)51,50,50 PERP 77 

51 R=RR PERP 78 
AA=A(K) PERP 79 

50 CONTINUE PERP 80 
BB=-(N +AA*SX)/ SY PERP 81 
SL=-AA/BB PERP 82 
B= -1./BB PERP 83 
DO 7 K=1IN PERP 84 
D(K)=(AA*X(K)+BB*Y(K)+1.)/DSQRT(AAAA + BB*BB) PERP 85 
D(K)=-D(K) PERP 86 
SO=SO+D(K) PERP 87 

7 SE=SE+D(K)*D(K) PERP 88 
SE=DSQRT(SE/(SN-2)) PERP 89 
R=(SXY-SX*SY/SN)/((SXX-SX*SX/SN)*ISYY-SY*SY/SN))**0.5 PERP 90 
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YC1=SL*X(1)+8 
YC2=SL*X(N)+8 
WRI TE(5,107)DES 

107 FORMAT('1 1,12A4) 
WRITE(5.108) 

108 FORMAT("OBEST FIT ST.LINE LEAST SQUARES PERP.DIST.1 ) 
WRITE(5,102)N 

102 FORMAT('ODATA NUMBER CF POINTS =',I4) 
WRITE(5,104) 

104 FORMAT("0 X°112X11Y 1,10XODEV.') 
DO 8 K=11N 

8 WRITE(5,103) X(K),Y(K),D(K) 
103 FORMAT(' ',F12.5,F12.5,F12.5) 

WRITE15,105)SL,BISEISD,R 
105 FORMAT('OSLOPE =',F12.50 INTERCEPT =',F12.5, 

1,' SUM DEV. =',F12.5,' CO.COEF. =',F12.5) 
WRITE(5.106)X(1)1YCIIX(N)giC2 

106 1F
) 
ORMAT( 10X(1) ="IF12.=',F12.5,' YC(1) =',F12.5,/,' 
=',F12.5) 

C SUPPRESS PLOTS OF INTERMEDIATE CALCULATED 
GO TO (10,11),NTEST 

10 DO 12 K=1IN 
12 1PT(K)=19264 

WEST = 2 
NS=N 
IF(N-97)13,13,14 

13 N=N+1 
X(N)=X(1) 
Y(N)=YC1 
IPT(N)=23616 
N=N+1 
X(N)=X(N-2) 
Y(N)=YC2 
IPT(N)=23616 

C PLOT POINTS 
14 CALL G402P(X,YpIPTIN) 

N=NS 
C TEST TO REJECT POINT CF LARGEST DEVIATION 

GO TO(11,1),IDIR 
11 AH=O. 

DO 17 K=1,N 
AT= DABS(D(K)) 
IF(AH-AT)16,17/17 

16 NS=K 
AH=AT 

• ST.ER. 

X(N) 

FITS 

=1 

=',F12.51 0
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PERP 
PERP 
PERP 
PERP 
PERP 
PERP 
PERP 
PERP 
PERP 
PERP 
PERP 
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PERP 
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PERP 
PERP 

YC(NPERP 
PERP 
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PERP 
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115 
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119 
120 
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17 CONTINUE PERP 136 
SE=2.0*SE PERP 137 
IF(AH-SE)61g18/18 PERP 138 

61 IF(IREJ)1,1,62 PERP 139 
62 IDIR=2 PERP 140 

GO TO 10 PERP 141 
18 NS=NS4-1 PERP 142 

DO 19 K=NSI N 
XIK-1)=XIK) 

PERP 
PERP 

143 
144 

19 YIK1)=Y(K) 
K=N 

PERP 
PERP 

145 
146 

1REJ=1 PERP 147 
GO TO 3 PERP 148 
END PERP 149 
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Co A.6 :- FITS DATA TO N TH CRDER POLYNOMIAL POLY 
C POLY 
C FITS DATA TO A POLYNOMIAL POLY 
C POLY 
C ***********************************************************************POLY 

1 

1 
2 
3 
4 
5 

C POLY 6 
C PROGRAMMER L.BOXALL JAN. 1970 POLY 7 
C POLY 8 
C ORDER OF POLYNOMIAL RANGE FROM N TO NT IN INCREMENTS OF 1 POLY 9 
C FOR EACH SET OF DATA POLY 10 
C MAXIMUM ORDER IS 15 POLY 11 
C INPUT CARD SEQUENCE — DATA CARDS THEN END OF DATA CARD,AFTER ALL POLY 12 
C DATA SETS ARE RUN, CALL EXIT CARD POLY 13 
C COL 1 = IND POLY 14 
C IND = BLANK — DATA CARD POLY 15 
C IND = 1 END OF DATA,NO DATA ON THIS CARD POLY 16 
C IND = 2 CALL EXIT FROM PROGRAM POLY 17 
C COL 2 — 10 HOR.VALUE (X) POLY 18 
C COL 11— 20 VER.VALUE (V) POLY 19 
C COL 22-23 N,I2, N TH. CRDER POLY. ONLY ON CDS.WITH IND = 1 POLY 20 
C COL 26-27 NT,I2, N IS INCREASED BY 1 UNTIL NT IS PASSED POLY 21 
C COL 31-70 DESCRIPTION ONLY ON CDS.WITH IND = 1 POLY 22 
C REJECTS DATA CARDS IN EXCESS OF 100 POLY 23 
C ORIGINAL VALUES PLOTTED AS + ,THEN CALC. VALUES AS * USING POLY 24 
C SUBROUTINE G402P POLY 25 
C USES SUBROUTINE G4027 (EVALUATE DETERMINANT) POLY 26 
C INCLUDE DECIMAL POINT IN ALL REAL NUMBER INPUT POLY 27
C POLY 
c***********************************************************************poLy 

28 
29 

C POLY 30 
IMPLICIT REAL *8(A—H,,INTEGER *2 (1—N), REAL *8(0—Z) :10LY 31 
INTEGER *4 IPROCD P1LY 32 
INTEGER *2 IPT(200) PLLY 33 
DIMENSION DES(10) POLY 34 
DIMENSION IV(16) POLY 35 
DIMENSION X(200),Y(200),C(15,15),B(15),CT(16),COEF(15),IC(16) POLY 36 
IV(1)=0. POLY 37 
CT(1)=0. POLY 38 
IC(1)=0. POLY 39 
IPR=5 POLY 40 
ICD=8 POLY 41 

C FIND BEST FIT POLYNOMIAL POLY 42 
3 CONTINUE POLY 43 

DO I K=1,100 POLY 44 
REAN8,100)IND,X(K),Y(K),NINT,DES POLY 45 
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100 FORMAT(I1,F9.0,F10.0,1X02,2X,12,3X,10A4) 
X(K) = X(K)/100.0 
IF(IND-1)112,20 

20 CALL EXIT 
1 CONTINUE 
150 READ(8,100)IND,Z,DOIDES 

IF(IND)150,150,952 
952 KS=K-1 

WRITE(5,953)DES 
953 FORMAT( 61'110A4) 

WRITE(IPR,105) 
105 FORMAT('OTOO MANY INPUT POINTS') 

GO TO 954 
2 KS=K-1 
968 CONTINUE 

WRITE(5,953)DES 
954 WRITE(5,103) 
103 FORMAT( 10VARIABLES FOR POLYNOMIAL-li t/00 

10R',6XOPERCENT ERROR') 
IF(N)151,1511152 

151 N=2 
WRITE(IPR,153)N 

153 FORMAT('OORDER SET T01,13) 
152 IF(N-14)154,154,155 
155 N=14 

WRITE(IPR,153)N 
154 J=1 

IF(NT-14) 965,965,966 
966 NT=14 
965 CONTINUE 

N=N+1 
IP=0 
DO 4 K=l,N 
KP=I P 
DO 5 KK=J gN 
Z=0. 
DO 6 K1=1,KS 
IF(KP) 969,969,970 

969 Z=Z+1.0 
GO TO 6 

970 Z=Z + X(K1)**KP 
6 CONTINUE 

C(KyKK)=Z 
C(KKIK)=Z 

5 KP=KP+1 

X',14X0Y1,12X, 

POLY 46 
POLY 47 
POLY 48 
POLY 49 
POLY 50 
POLY 51 
POLY 52 
POLY 53 
POLY 54 
POLY 55 
POLY 56 
POLY 57 
POLY 58 
POLY 59 
POLY 60 
POLY 61 
POLY 62 

'ERRPOLY 63 
POLY 64 
POLY 65 
POLY 66 
POLY 67 
POLY 68 
POLY 69 
POLY 70 
POLY 71 
POLY 72 
POLY 73 
POLY 74 
POLY 75 
POLY 76 
POLY 77 
POLY 78 
POLY 79 
POLY 80 
POLY 81 
POLY 82 
POLY 83 
POLY 84 
POLY 85 
POLY 86 
POLY 87 
POLY 88 
POLY 89 
POLY 90 
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J=J+1 POLY 91 
IP=IP+2 POLY 92 
Z=O. POLY 93 
DO 7 K1=1,KS POLY 94 
IF(K-1) 971,971,972 POLY 95 

971 ZZ=1.0 POLY 96 
GO TO 7 POLY 97 

972 ZZ=X(K1)**(K-1) POLY 98 
7 Z=Z + Y(K1)*ZZ POLY 99 
4 B(K)=Z POLY 100 
C SOLVE BY CRAMMERS RULE POLY 101 

NSIZ=15 POLY 102 
CALL G402T( C,D,N,NSIZ,IC,IV,CT) POLY 103 
IF(D)8,9,8 POLY 104 

9 WEITE(1PR,101) POLY 105 
101 FORMAT('ODETEMINANT = ZERO') POLY 106 

IF(IND-2)3120,20 POLY 107 
8 DS=D POLY 108 

DO 10 K2=1,N POLY 1C9 
DO 11 K1=1,N POLY 110 
Z=C(K1,K2) POLY 111 
C(K1,K2)=B(KI) POLY 112 

11 B(K1)=Z POLY 113 
CALL G402T( C,D,N,NSIZ,IC,IV,CT) POLY 114 
DO 55 K1=1,N POLY 115 
Z=C(K1,K2) POLY 116 
C(K1,K2)=B(K1) POLY 117 

55 B(K1)=Z POLY 118 
D=D /DS POLY 119 
COEF(K2)=D POLY 120 

10 CONTINUE POLY 121 
SEP=0. POLY 122 
SER=0. POLY 123 
DO 51 K=1,KS POLY 124 
D=O. POLY 125 
K2=N-1 POLY 126 
DO 50 L=1,K2 POLY 127 
K3=N-L+1 POLY 128 

50 D=(D+COEF(K3))*X(K) POLY 129 
D= D+COEF(1) POLY 130 
Z=Y(K)-D POLY 131 
KSS=K+KS POLY 132 
YIKSS)=D POLY 133 
X(KSS) = X(K) POLY 134 
1PT(KSS)=23616 POLY 135 
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IPT(K)=20032 POLY 136 
IFIYIK)) 973,974,973 POLY 137 

974 D=0.0 POLY 138
GO TO 975 POLY 139 

973 D=100.*Z/Y(K) POLY 140
975 SEP=SEP + DSO POLY 141 

SER=SER + Z*Z POLY 142
51 WRITE(IPR,52)X(K) ,Y(K),Z,D POLY 143 
52 FORMAT(' e,F11.5,F15.5,F15.6,F15.6) POLY 144 

SER=DSQRT(SER/(KS-1)) POLY 145
SEP=DSQRT(SEP/(KS-1)) POLY 146 
WRITE(IPR,53)SER,SEP POLY 147 

53 FORMAT('OSTANDARD ERRORS IN Y CALCULATED',/,' ABSOLUTE =',E11.41/1POLY 148 
I' PERCENT =',E11.4) POLY 149 
00 54 K=1,N POLY 150 
K2=K-1 POLY 151 

54 WRITE(IPR,102)K2,COEF(K) POLY 152 
102 FORMAT('OCOEF.OF X TO THE',I3,' POWER EQUALSII,E11.4) POLY 153 

KSS=KS+KS POLY 154 
w 
-P- CALL G402P(X,Y,IPT,KSS) 

IF(N—NT) 968,968,967 
POLY 
POLY 

155 
156 

967 CONTINUE POLY 157
IF(IND-2)3,20,20 POLY 158 
END POLY 159 
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C A.7 - PLOTTING SUBRCUTINE - G402P 
C 

PAGE 

PLOT

I 

I 
 2 

C SUBROUTINE G402P - PICTS POINTS ON A ONLINE PRINTER PLOT 3 
C PLOT 
c**********************4******************** ************4.**************pLor 

4 
5 

C PLOT 6 
C PROGRAMMER L.BOXALL AUGUST 1967 PLOT 7 
C PLOT 8 
C VARIABLES IN CALL STATEMENT PLOT 9 
C X - NAME OF ARRAY CONTAINING K HORIZONTAL VALUES PLOT 10 
C Y - NAME OF ARRAY CONTAINING K VERTICAL VALUES PLOT 11 
C IZ- NAME CF ARRAY CONTAINING K PLOT CHARACTERS,ONE FOR EACH DATA PLOT 12 
C POT NT,IN Al FORMAT . PLOT 13 
C K - NUMBER CF DATA POINTS PLOT 14 
C PRINTER SET AT 8 LINES/INCH AND SPECIAL PLOT TAPE - ONLY A PLOT 15 
C BEGINING OF PAGE CHANNEL PUNCH AND PAPER SET SO THAT THE PLOT 16 
C FIRST LINE IS 2 PRINT POSITIONS FROM TOP OF PAGE PLOT 17 
C REQUIRES 11 X 14 INCH PAPER PLOT 18 
C CALCULATES ITS OWN GRID FOR EACH AXIS PLOT 19 
C PLOT 20 
C***********************************************************************pLOT 21 
C PLOT 22 

SUBROUTINE G402P(XsYlIZ,K) PLOT 23 
C PLOT 24 
Cl.**********************************************************************pun 25 
C PLOT 26 

IMPLICIT REAL *8(A-H),INTEGER *2(I-N), REAL *8(0-Z) PLOT 27 
INTEGER *2 G(101) PLOT 28 
DIMENSION X(1).Y(1).AX(5),IP(5) PLOT 29 
DIMENSION IZ(1) PLOT 30 
YL=10.0 PLOT 31 
DLN= DLOG(YL) PLOT 32 
XL=X(1) PLOT 33 
XS=X(1) PLOT 34 
YL=Y(1) PLOT 35 
YS=Y(1) PLOT 36 
DO 10 J=1.( PLOT 37 
IF(XL-X(J))3t4,4 PLOT 38 

3 XL=X(J) PLOT 39 
4 IF(XS-X(J))676.5 PLOT 40 
5 XS=X(J) PLOT 41 
6 IF(YL-Y(J))7,8,8 PLOT 42 
7 YL=Y(J) PLOT 43 
8 IF(YS-Y(J))10,10,9 PLOT 44 
9 YS=Y(J) PLOT 45 
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10 CONTINUE PLOT 46 
GX=(XL-XS) / 100.0 PLOT 47 

PLOT 
GY=(YL-YS) / 80.0  

4
48 

L=1 9 
AC=GX PLOT 50 

25 41= DLOG(AC)/OLN 
PLOT 
PLOT 51 

2 N=A1 5
A= POT 53 
A23=AN 1-42 PLOT 54 
IF (Al ) 21, 22, 23 PLOT 55 

23 IF ( A3 ) 22, 22, 27 PLOT 56 
21 IF( A3 ) 24, 22, 22 PLOT 57 
24 A2 = A2 - 1.0 PLOT 58 

A3 = Al - A2 PLOT 59 
27 Al = 10.0 *4 ( A3 + 1.0 ) PLOT 60 

A2 = A2 - 1.0 PLOT 61 

A = Al PLOT 62 
3 =N PLOT 63 
Al = Al - A3 - 0.00499999 PLOT 64 
IF( Al ) 28, 28, 29 PLOT 65 

29 A3 = A3 + 1.0 PLOT 66 
28 N = A2 PLOT 67 

AC = A3 * 10.0 ** N PLOT 68 
22 GO TO (124, 26 ) , L PLOT 69 
124 GX=AC PLOT 70 

AC=GY PLOT 71 

G
L
O
=2 

TO 25 P 3 PLOT 
LOT 

7
72 

26 GY=AC PLOT 74 
19 1ARITE(6,102) GX PLOT 75 
102 FORMAT('OGRID HOR. =',E12.5) PLOT 76 

VtRITE(6,103) GY PLOT 77 
103 FORMAT('OGRID VERT.=',E12.5) PLOT 78 

ICT=-1 PLOT 79 
00112 J=2 115 PLOT 80 

112 IP(J)=-14016 PLOT 81 
IP(1)=23616 PLOT 82 
WRITE(6,104)(IP(1), IP(2),IP(3), 1P(4), IP(5), J=1,20) , IP(1) PLOT 83 

104 FORMAT( 11 1,16X,101A1) PLOT 84 
C PLOT POINTS PLOT 85 

DO 13 JSP=1181 PLOT 86 
AC=JSP-1. PLOT 87 
YS=YL-GY*(AC+0.5) PLOT 88 
XL=YL-GY*(AC-0.5) PLOT 89 
DO 11 J=1,101 PLOT 90 
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11 G(J)=16448 PLOT 91 
DO 30 J=1,K PLOT 92 
IF(XL-Y(J)) 30,30,32 PLOT 93 

32 IF(YS-Y(J)) 31,31,30 PLOT 94 
31 JX=(X(JJ-XS)/GX +1,5 PLOT 95 

G(JX)=IZ(J) PLOT 96 
30 CONTINUE PLOT 97 

WRITE(6,105) G PLOT 98 
105 FORMAT(' ',14X'- 1,101A10 - 1) PLOT 99 

ICT=ICT+1 PLOT 100 
JC7=(JSP-1) -((JSP/10) * 101 PLOT 101 
IF(JOT)13,15113 PLOT 102 

15 AY=YL-GY*( JSP-1) PLOT 1C3 
AY = AY*1.000001 PLOT 104 
WRITE(6,106) AY PLOT 105 

106 FORMAT('+ 1 gE12•5,106X0*1 ) PLOT 106 
13 CONTINUE PLOT 107 
16 WRITE(6,107) (IP(1), IP(2), 11)(3), IP(4), IP(5), J=1,20), IP(1) PLOT 108 
107 FORMAT(' 1,16X,101A1) PLOT 109 

w 
ul NI 17 

DO 17 J=1,5 
AX(J)=XS+GX*20.,*(J-1) 
WRITE(6,108)(AX(J), J=1,5) 

PLOT 
PLOT 
PLOT 

110 
111 
112 

108 FORMAT(' ',10X,5(E12.5,8X)) PLOT 113 
RETURN PLOT 114 
END PLOT 115 
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C...•  A.8 — DE TER:il NANT SUBROUTINE G402T DET 1 
C DET 2 
C SUBROUTINE G402T — EVALUATE DETERMINANT DET 3 

c
C T 4 
***********************************************************************DE DE T 5 

C DE  6 
C PROGRAMMER L. BOXALL JULY 1969 DET 7 
C 

DET 
8 

C VARIABLES I N CALL STATEMENT  9 
C A — NAME OF TWO DI MENS I CNAL MATRIX DET 10 
C CO — VALUE OF DETERMINANT RETURNED DET 11 
C N — ORDER OF DETERMINANT DET 12 
C NSIZ — SIZE OF SQUARE MATRIX A IN DIMENS ION STATEMENT OF CALLING DET 13 
C PROGRAM DET 14 
C IC ,I V,CT — NAMES OF TEMPCRARY WORKING ARRAYS OF A LENGTH GREATER DET 15 
C THAN N DE T 16 
C ORIGINAL MATRIX NOT DESTROYED AND SIZE IS UNLIMITED DET 17 
C DET 18 
Ciglic#4c*****************************************************************##DET 19 
C DET 20 

SUBROUTINE G402T(A,CO,NI NSIZ, IC,IV, CT) DET 21 

C 
C E T 

*4c4c****************************-P***************************************D D 22ET 23 
IMPLICIT REAL *a ( A—H) , INTEGER *2 (I —N), REAL *8(0—Z) DET 24 
DIMENSION A(1) ,IC(1),IV(1),CT(1) DET 25 
IF(N)105,105,106 DET 26 

105 CO=0 DET 27 
RETURN DET 28 

106 DO 4 1=1 I N DET 29 
IC( I )=I DET 30 

.4 CT( I )=0. DET 31 
CO=O. GET 32 

6 J=N+1 DET 33 
DO 7 I=19.1 DET 34 

7 IV( I )=I DET 35 
OE=0. DET 36 
PR=1. DET 37 
I =1 DET 38 

8 K=IC ( I ) DET 39 
M=K+NSI Z*(1-1) DET 40 
PR=PR*A(M) DET 41 
J=I+1 DET 42 

12 IF ( J—N) 13,13 ,14 DET 43 
13 IF( ICI' )—IC(J) )20,31,19 

DET 
44 

19 DE=OE+1.   45 
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20 J=J+1 
GO TO 12 

14 I F( 1 I -N) 21 ,24,24 
21 =+1 

GO TO 8 
24 M=OE 

MM=( M/2) *2 
IF ( MM-M)27,28 ,27 

27 CO=CO-PR 
GO TO 31 

28 CO=CO+PR 
31 J=N-1 
32 IF ( CT( J)-N+J)34 ,33 ,34 
33 CT( J) =0. 

J=J-1 
IF ( J)32,36,32 

34 CT( J)=CTI J)+1. 
M=J-1 
IF( M)39,39,75 

75 DO 35 I =1 ,M 
DO 37 K=1 ,N 
IF( IC( I )-IV(K))37 ,38,37 

38 I V( K)=0 
GO TO 35 

37 CONTINUE 
35 CONTINUE 
39 IF( IC( J )-N) 41 ,40,4I 
40 K=1 

GO TO 42 
41 K=IC(J)+1 
.42 IF( I V( K)) 44 ,43 ,44 
43 IF( K-N) 45,46,45 
46 K=1 

GO TO 42 
45 K=K+1 

GO TO 42 
44 IC( J)=I VI K) 

I V( K) =0 
IF( J-N) 47,6,47 

47 J=J+1 
GO TG 39 

36 RE TURN 
END 

DET 46 
7DE T 4

DEEDT 4 48
T 

9 

DEE TT
D 

51
DET 

53 
5 

DET
DET 

5
54 

DET 5 

DET 
DET 

5
56 

7 
DE 

8T 9
T 

5
5 

DE 

DET 
DET 6 

601 
DE T 62 
DET 63 
DE T 

6
64 

DE T 5 
DET 66 
DET 67 
DE T 
DE T 69 
D
D EET 71

T 

DET 
E 

D T 73 
DET 74 
DET 
DE T 76 

D EDT 78 
T 

E 

DET 
DE T 7 

80

D
DE

ET 2 
T 8 

8
1 

DE T 
DE T 

8
83 

4 

DE T 
DE T 8 865 

DET 87 
DE T 88 



APPENDIX B 

CALCULATION OF LIQUID JUNCTION POTENTIALS (Es) 

The simplest type of electrolytic cell which contains a liquid 

junction potential is called a "concentration cell with transfer-

ence" or "concentration cell with transport." These cells must con-

tain at least two different solutions which make a liquid -liquid 

contact with each other. In any rigorous thermodynamic treatment of 

an electrochemical cell it is necessary to take into account the 

"liquid junction potential, Ej, which makes a contribution to the 

emf of the system. A cell which contains a liquid junction is never 

at a true equilibrium due to the irreversible diffusion across the 

interface of the two solutions which will continue until the compo-

sition is uniform throughout the cell. Provided the diffusion is 

slow enough to prevent any substantial change in the composition of 

the cell, it can be neglected when considering the reversible flow 

of electricity through the cell. In order to have such a reversible 

transfer, the composition must vary continuously from one extieme to 

the other in the boundary zone between the two solutions. The pas-

sage of an infinitesimal amount of current through the boundary 

zone will not disturb the conditions required for the reversibility. 

355 



The current is carried by anions and cations in the opposite direc-

tions which will tend to alter the natural potential gradient set-

up by the diffusion process. The infinitesimal amount of current 

is very small with respect to the amounts of 

zone, therefore, no change in composition of 

occur even though the calculations are based 

ions in the boundary 

any consequence will 

on changes "per faraday." 

The electrical work required to transport an infinitesimal quan-

tity of electricity, dF, across a single element in the boundary zone 

can be expressed in terms of the increase in Gibbs free energy for 

the process by 

-dF • dE = dG (B.l) 

where dE is the electrical potential across the element. Each 

type of ion carries an amount of electricity ia proportion to its 

transport number, ti, across the single element. Each ion must move 

through 

crosses 

element 

an infinitesimal chemical potential gradient, 94,, as it 

the single element, therefore the dG per faraday for each 

is also given by the summation 

dG 51i (11.2) 

for each ion, i, with a valency Zi (sign included) in the element. 

The activity of the ions, ai, is introduced by the relationship 

(B.3) 

to give the basic differential equation for the liquid junction 

potential. 

RT d In ai 
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-dE
J 

= d In a. 
1 

(B.4) 

The total liquid junction potential is determined by integrating 

from one homogeneous solution, A, on one side of the interface to 

the other, B, on the other side. The dependence of the transport 

number, ti, and activity, ai, on the composition of the boundary 

zone must be known or approximated to carry out the integration. 

E 
RT 

= - — —gin a.1) (B.5) 

The transport number of an ion in molten salts depends strongly 

on its concentration; therefore, the internal ionic mobility, a less 

sensitive parameter, is used to replace the transport number. One 

of the ions, j, is arbitrarily chosen as a point of reference since 

there is no stationary inactive solvent in the system and the inter-

nal mobility, .bi , for the i-- ion is defined in terms of its mobil-

ity, bi, and the mobility, bj, of the reference ion, j, by the equa-

tion 

= b.1 - b. 
3 

(B.6) 

The transport number in equation B.5 is replaced by the internal 

transportnumbm7„ 13 Which is given by the equation 

t.. 
13 

F - 
J Z.1C.1bI.

K 

F Z.C.1b.. 13 

(B.7) 

(B.8) 

where Ci is the concentration of ion i and K is the specific conduct-

ance of the system. 
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The internal mobility, is calculated from the specific con-

ductance of the pure salt using the equation 

K = F Z
+
C

- 
(B.9) 

where the units of K require that the concentration is expressed 

as the number of gram equivale-r-3 per litre. The activity ai is 

replaced by Ci by assuming it is an ideal system and the d(ln Ci) 

term is eliminated by the relationship 

d C. 
d(ln Ci) = 

C. 

to give 

33 
7 )( 1 

Ed = - d C1) 
A 

K 

(B.10) 

(B.11) 

It has been shown that there is no exact solution to the general 

equation (B.11) (336); however, if every Zi has the same value, Z, 

the general equation can be integrated. The value of Zj is not con-

sidered because 

JJ
. = 0 0.12) 

for the reference ion and the entire Z.b..C. term is eliminated from 
J JJ J 

the equation. The final equation for the liquid junction potential 

has the following form: 

B 
RT 

1J  
Ci 

Ej = In (B.13) 
ZF 

C
 A
i 

wheree' anderepresent the concentration of the i* component in 

the solution A and B, respectively, in an electrochemical cell in 
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which A is taken to be the left hand half of the written form of the 

cell. 

A second type of solution for the general equation can be 

realized if the system is limited to two cations and one anion or 

vice versa. The mole fraction scale is used as the concentration 

scalefortworeasons: firstlY, thesnmofallN. equals unity and 

secondly, the contribution of an individual component to the value 

increases with its concentration and the activity coefficient for the 

mole fraction scale approaches unity with increasing concentrations. 

The electrochemical cell considered in the following integration and 

simplification is: 

M Y MY 

IM t Y  M t Y (B.14) 

A 

where the components are numbered as follows: 

M = 1 (B.15) 

W= 2 (B.16) 

Y = 3 (B.17) 

By the use of the relationship: 

C1 + C2 = 1 (B.18) 

and simplification, the liquid junction potential for the general 

. three component cell B.14 is given by: 
B 

- b23 Z2b23 + (2013 - 22b23)C1
RT [11'13 

EJ = - F Z1b73 - Z2b23 
ln

Z
2
b
23 

-I- 
(Z1 

b
13 
+ (Z

2 
b )CAI] 
23 1 

(B.19) 

359 



Component number 3 was used as the reference ion and since 

b33 = 0 
(B.20) 

its concentration term does not appear in the final equation. To 

calculate the liquid junction potential in a multi-cation-single-

anion system it is necessary to consider all of the salts which make 

up the solvent as a single component and to use a single mobility 

which is applicable to the mixture. 

The general equation for the liquid junction potential (B.19) 

is greatly simplified when the following specific experimental cells 

are considered. 

1. The Silver Alkali Metal Salt Concentration Cell 

Components: 

1 = Ag(I) (B.21) 

2 = single or a mixture of alkali ions (Na(I)) (B.22) 

3 = anion (NO3 ) 

Cell: 

Agmo3 gNo3A 
(B.24) 

NaNO
3 

A 

RT 
EJ = ln 

F 
[1b.23 + 131A -1 

(B.25) 
b
13 

2. The Silver Cation-Univalent-Univalent Anion Electrochemical Cell 

Component: 

1 = Ag(I) (B.26) 

3 = NO3- (B.27) 

4 = Cl- (B.28) 

360 



Cell: 

AgNo, //AgC1 
A B 

RT [ 1311 
E = In 
J F bl3 

(B.29) 

(B.30) 

3. The Silver Cation-Univalent-Divalent Anion Electrochemical Cell 

Component: 

1 = Ag(I) 

4 = Cl-

(13.31)

(B.32) 

5 = S04
9- (B.33) 

Cell: 

AgC1 // Ag2SO4 (B.34)

A 

E j = RT 

F 

b15 in 2b15
(B.35) Eb14 

b14 - 2b1: b14

4. The Silver Cation-Two Divalent Anion Electrochemical Cell 

Component: 

1 = Ag(I) (B.36) 

5 = SO
4
2- (B.37) 

6 = C032- (B.38) 

Cell: 

Ag2SO4 // Ag2CO3

A 

E = RT 
2F Eb 

16 
J n b i5
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The total liquid junction potential for a more complex cell such 

as 

AgNO3 II AgCl 

NaNO3 (Li,K)C1 
E
J(T)

(B.41) 

can be calculated by summing the potentials of a series of simpler 

cells in which the (Li,K)C1 mixture is considered to be a single salt. 

AgNO3

Nallo3
AgNO3 EJ(1) (B.42) 

Ag,NO3// AgCl Ej(2) (B.43) 

AgCl 

Ii 

AgC1 
Ej(3) (B.44) 

(1,1,K)C1 

E
J(T) 

= E
J(1) 

E
J(2) 

+ E
J(3) (B.45) 

The internal mobilities of the ions in the electrochemical cell 

are calculated using the specific conductivity data tabulated by 

Janz (2) and equation B.9. The composition of the electrochemical 

cell and the restrictions on the equations derived in this appendix 

dictates which equation is used to calculate the liquid junction 

potential for the cell. 
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lePENDIX C 

THE CONVERSION FROM ONE CONCENTRATION SCALE TO 

ANOTHER FOR UNI-UNIVALENT FUSED SALT SOLUTIONS 

Symbols Used 

N - concentration of CA on the mole fraction scale 

M - concentration of CA on the molarity scale 

m - concentration of CA on the molality scale 

W - total weight of sample 

Q - number of moles of solute in the sample 

Mwt molecular weight of solute 

Mwt' molecular weight of solvent 

D - density of the solution (gms/cc) 

D' - density of the pure solvent (gms/cc) 

The molality, m, of a solute is defined as: 

m = number of moles of solute per 1000 grams of solvent (C.1) 

or 

=  Q (1000) (C.2) 
m W - (Q)(Mwt) 

Similarly, the molarity, M, is defined as: 

M = number of moles of solute per 1000 ml of solution (C.3) 

or 

M 
Q (1000)(D) 

- (C.4) 
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The mole fraction, N, of a solute is given by: 

number of moles of solute 
N = t

otal number of moles of solute and solvent 

or 

N - 
Q + (W - Q Mwt) /Mwt' 

Q 

which simplifies to 

(C.5) 

(C.6) 

Mwt' 
N 

(C.7) 
Mwt' - Mwt + wig 

Solve for W/Q in each equation, equate and simplify 

each possible pair. 

Equations C.2, C.4 and C.7 are solved in terms of W/Q and then 

each possible pair of equations are equated and simplified to give 

the following: 

1000m.D 1000N.D 
M 

1000 + m.Mwt Mwt' (1-N) + N.Mwt 

1000M 1000N 
1000.D - M.Mwt Mwt' (1-N) 

ta.Mwt' M.Mwt' 
N - 

1000 + m.Mwt' 1000D + M(Mwt' - Mwt) 

This set of equations can be further simplified provided the 

solution is very dilute < 0.01 for most systems will introduce 

less than a 1% error) and the density of the solution is approximated 

by the density of the pure solvent (i.e., D = D') 

M = m D' - 
1000.N.D° 

Mwt' 

M 
1000 N 
Mwt' 

N = m.Mwt' M.Mwt' 
1000 1000 D' 
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