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DIRECT CURRENT MEASUREMENT OF

FUSED SALT CONDUCTIVITY



INTRODUCTION AND LITERATURE SURVEY

The high specific conductivity of most fused salt sys-
tems complicates the usual alternating current measurement
techniques. In order to achieve sufficiently high total re-
sistance in a conductivity cell, it is necessary to resort
either to a long current path, or to’a small diameter cell.
Typically, a glass capillary, filled with fused salt, is
used, Glass itself becomes relatively conductive at high
temperatures, and may cause significant error in conductivity
measurements. Furthermore, any attack of the cell wall by a
melt will cause a greater relative cell constant change in a
small diameter cell than in a larger diameter cell, and will
be reflected in a larger conductivity error in the former
case,

Direct current conductivity measurements permit simple
cell design, reduce the probability of significant error due
to conductance through glass, and allow the use of quite
simple electrical circuitry. On the other hand, such a
technique suggests at least two possible sources of trouble.
First, it must be demonstrated that there is nothing about
the mechanism of electrical conductance which would display a
fréquency dependence. Secondly, conveniently prepared and
used reversible electrodes must be available to measure
voltage drop in the conductivity cell. Such electrodes are

not necessarily easily devised for use in fused salt systems.



The primary purpose of this research is to demonstrate
the practicability of using a direct current technique to
measure the conductivity of fused salt systems,

A few studies of aqueous solution conductivities have
been carried out by a direct current method. These studies
involved basically the same experimental approach that was
followed in this research; viz., the voltage drop across a
known path length of solution was measured by a pair of
some sort of reference electrodes as current was passed
through the solution. This is the so-called "four-probe"
method, where the two reference electrodes and two working
electrodes (carrying current into and out of the solution)
constitute the four probes. Typically, the reference elec-
trodes were either calomel or HgpSO4 (1,2) . Other studies
employed reference electrodes of platinum which first were
silver plated then chloridized (3,4). Ives and Swarocpa (5)
used silver-silver chloride,}quihhydrone, and phthalate-
stabilized quinhydrone electrodes. “Brsnsted and Nielsen (6)
used the so-called "two-probe" method, whereby the working
electrodes and reference electrodes were the same. They used
platinized platinum hydrogen electrodes, claiming to achieve
high accuracy even though slight polarization occurred.

In 1920, Eastman (7) proposed the idea that direct cur-
rent conductivities might differ from alternating current

values, but found d.c. and 1000-cycle values for the con-



ductivity of 1 N KC1 to agree to within 0.02 to 0.03%. At
about the same time, Newberry (2) obtained fair agreement
with the then accepted a.c. values for three salts, including
1 N KC1, Both Eastman and Newberry obtained significantly
low results on H3SO4 solutions. More recently, Andrews and
Martin (1), Gunning and Gordon (3), and Kell and Gordon (4)
have studied extensively the d.c. conductivity of LiCl, NacCl,
and KC1l solutions. It now appears quite clear that at least
for solutions of strong salts (i.e., salts which are highly
dissociated and do not hydrolyze) d.c. conductivities are not
sensibly different from a.c. conductivities. Accordingly, the
cells used in this.research were calibrated with aqueous KCl1l.
It was mentioned above that Eastman (7) and Newberry (2)
had found low d.c. conductivities for H5S04. - Bronsted and
Nielsen (6) investigated a number of solutions of HC1 and of
HyS04 at different concentrations, but did not independently
determine their cell constants. Therefore, their results
cannot be said to agree or disagree with a.c. values. It is
well known that the ionic conductance of H' and of OH™ are
abnormally high. It has been suggested that the high con-
ductivity of these ions may arise from some sort of Grotthuss

chain mechanism (8) . Bisselll has shown that d.c. conduc-

lBissell, C. L., Ames, Iowa. Unpublished data on direct
current conductivity of NaOH solutions. Private communica-
tion. 1962.



tivities of G.7 N, 1.2 N, and 5.0 N NaOH agree with a.c.
values. The status of strong acid d.c. conductivity must be
considered an open question. Direct current data on HCl are
presented in this work.

Poincare (9) was the first investigator to measure fused
salt conductivities by a direct current method. This work
was done in 1890, He used the four-probe technique. His
data showed considerable scatter and were often in serious
disagreement with alternating current values which have been
obtained since. So far as the author is aware, no 4d.c.
measurements on fused salt systems have been published since
the appearance of Poincare's work.

Grantham and Yosim (10) have compared alternating cur-
rent with four-probe and two-probe direct current con-
ductivities in molten Bi-BiI3 solutions. They used a
¢apillary cell with bare tungsten eiectrodes in all cases.
They found that all three methods gave results aéreeing to
within 0.1%.

The systems chosen in this research to demonstrate the
utility of the direct current technique in fused salts were
LiNO3, NaNO3, KNO3, and binary mixtures of these salts.
Alternating current conductivities of these systems are known
(11,12,13,14,15,16,17,18,19,20,21,22) and will be compared

below with the findings of this research.



EXPERIMENTAL
Materials and Equipment

Chemicals

"Baker analyzed" reagent AgNO3, Fisher certified reagent
KCl, and Baker and Adamson reagent HCl were used without
fgrther purification. "Baker analyzed" reagent LiNO3, NaNO,,
and KNO3 were treated in the following manner: The salts,
or salt mixtures, were weighed, then melted in a l-liter
round-bottom flask and allowed to stand molten for 12 to 24
hours. To insure good mixing, the binary nitrate melts were
thoroughly stirred for at least an hour while molten. The
LiNO; was dried at 135° for at least 24 hours before it was
melted.

Each melt was filtered through a medium or fine porosity
30-mm sealing tube and allowed to cool in small porcelain
crucibles. The resulting salt pellets were stored in a
Mg(0104)2-charged desiccator before use.

Conductivity water for HCl1l and KCl solutions was pre-
pared by passing tap distilled water through a Barnstead
"Bantam” demineralizer column (Barnstead Still and Sterilizer

Co., Boston, Mass.,). From time to time the conductivity of
the demineralized water was measured to insure that it

was, indeed, of conductivity quality.



Furnace and temperature control

A l12-inch Marshall tube furnace (Marshall Products Co.,
Columbus, Ohio), mounted vertically, was used to heat the
conductivity cells. This furnace was provided with 8 taps
on the heater winding, across which appropriate shunts could
be placed to maintain any desired temperature gradient along
the axis of the furnace cavity. Shunts of various resis-
tances, empirically determined, were placed across the taps
such that at a furnace temperature near 280°, the temperature
gradient acroés the voltage drop region of the conductivity
cell was 0.9°. This gradient increased to 1.6° at a furnace
temperature near 415°.

- A Pyrex-sheathed chromel-alumel thermocouple, immersed
in the central tube of the conductivity cell, led to a
Bristol "Series 536 Free-Vane Electronic Indicating Con-
troller" (The Bristol Co., Waterbury, Conn.). The con-
troller turned on and off electric power to the furnace,
as supplied by a 110-volt Powerstat. Once _hermal equi-
librium was reached within the furnace, a given cell tempera-
ture could be maintained to within less than a degree.

Conductivity cells

Two Pyrex conductivity cells were used. These cells
were quite similar in design, differing slightly in dimen-
sions. Figure 1 shows one of these cells. Direct current

was passed through the main channel of the U-tube and the
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voltage drop between points H (see Figure 1) was measured
by reference electrodes in the side-arms. Provision was made
in each cell for the immersion of four thermocouples in the
melt. One thermocouplé led to the controller, and the other
three were used to determine salt temperature in the voltage
drop region, as will be discussed below.

Cell constants were determined from the direct current
conductivity of l-demal KC1l, prepared according to the
specifications of Jones and Bradshaw (23). Cell constants

were corrected for the thermal expansion of Pyrex by the equa-

tion
K, = 25
t 1l + at
where
kX, = cell constant at 25°

25
a = coefficient of linear expansion of Pyrex

3.6 x 10°® deg~l (24)

t = °c-25
k{ = cell constant at temperatu:e t.

Silver-silver nitrate electrodes were used in the side-~
arms to register the potential developed across the voltage
drop region. These electrodes consisted of small Pyrex
tubes, open at the top, and terminating in thin-walled bub-

bles to provide electrical contact to the melt in the con-

ductivity cell., The electrodes were partially filled with
a solution 10% by weight AgNO3 in equimolar NaNO3-KNO3.
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Silver wires dipped into the silver nitrate solutions and
extended out the tops of the tubes. Similar electrodes have
been described by Inman (25).

The silver-silver nitrate electrodes showed no measur-
able polarization to be caused by the minute current neces-
sarily passed through them in the process of adjusting the
potentiometer used to measure voltage drop.

Beckman model 39270 calomel electrodes were used in the
side arms for all experiments on aqueous solution conductivity.

Platinum wire helices were used to supply direct current
to the conductivity cell.

Temperature measurement

Three chromel-alumel thermocquples were used to deter-
mine the teﬁperature of the voltage drop region of the con-
ductivity cell (see Figure 1l). One thermocoupie was located
in the well below the side arms, and two others were located
at points G in tube A. The average temperature in ghe
voltage drop region was found to be satisfactorily calculated
from the equation

t = ty - %(tm - tp)
where

t = average temperature in the voltage drop region

tm = temperature indicated by the middle thermocouple
tp = temperature indicated by the bottom thermocouple.

The uppermost thermocouple served to insure a minimum
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liquid level in the conductivity cell; if the thermocouple
were not immersed, it would indicate an abnormally low temper-
ature.

The thermocouple wires were encased in small alundum
tubes, and the whole assembly protected from contact with
molten salt by Pyrex sheathing.' An ice bath cold junction
was used, Thermocouple voltage was measured by a Fisher
"Type S" potentiometer and a Leeds and Northrup "Type 2420
A" galvanometer. The three thermocouples were jointly
calibrated in freezing NaNO;. They indicated temperatures
too low by 1.0, 1.0, and 1;75 degrees. The data presented
in this study are corrected for thermocouple error.

wWater bath

When used to measure aqueous solution conductivities,
the conductivity cells were maintained at 25.00 + 0.02° in
a large, stirred water bath. The bath was cooled by cold
tap water circulating through coiled tubing and was heated by
a Cutler Hamhe: 500~watt heater. Heater operation was con-
trolled by a Pfecision Scientific'Co. "Micro-Set Differential
Range Thermoregulator" and electronic relay. Temperature
accuracy was assured by periodic checking against a cali-
brated Emerson calorimetric thermometer.

Electrical circuits

The electrical circuits employed in this research are

shown in Figure 2., Direct current was drawn either from a
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12-volt storage battery bank or from a constant current
supply.l The constant current supply was available only for
the later experiments. It greatly facilitated the convenience
and rapidity of data collection. The current was led through
a Gray Instrumenﬁ Co. 10-ohm precision resistor to the
"function selector switch". The 10-ohm resistor was cali-
brated by means of a Leeds and Northrup Mueller Temperature
Bridge together with a Leeds and Northrup Electronic D-C

Null Detector; its resistance was 10.003 ohms. When the
12-volt battery was used as the current source, a series of
variable resistors was included in the current path. These
resistors provided rapid manual control of current strength.
The constant current source had its own current control
adjustments.

The "function selector switch" controlled access of
current to the conductivity cells. When the switch was in
either extreme position, current passed through the molten
salt. The two positiohs were of opposite polarity. It will
be noted that two pairs of current leads go to the conduc-
tivity cell. Each pair terminated in a pair of concentric
platinum helices, which were the actual working electrodes.
Because of electrode polarization the effective total cell

resistance would change markedly and rapidly as current

1The constant current supply was designed by R. N. Kust,
Ames, Iowa.
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polarity was reversed if single electrodes were used. This
resistance change, in turn, made current control extremely
difficult when the l2-volt battery was the current source.

For this reason, electrode pairs were used, each member of
each pair always being used to conduct only in one direction,
The constant current supply automatically and efficiently com-
pensated for changes in effective total cell resistance, and
made the use of electrode pairs unnecessary. Accordingly,

the two leads of each pair of leads were joined, and single
electrodes used in the later experiments.

As may be seen from Figure 2, the 500-ohm and 25-ohm
Beckman Helipots constitute a potentiometric circuit for
measuring voltage drop across the 10-ohm precision resistor.
In practice, current was adjusted such that for a given
Helipot setting, depression of the tap switches caused no de-
flection in the Leeds and Northrup type 2420-A galvanometer.
A given Helipot setting provided for two current values, se-
lected by the "cell current range switch". The Helipots
could be set for any desired cell current by calibration with
the Leeds and Northrup type K-3 potentiometer. Such calibra-
tion was accomplished by appropriately positioning the "func-
tion selector switch" and the "cell current potentiometer
circuit calibration/cell operate selector switch"., When the
Leeds and Northrup type 2430-A galvanometer showed no deflec-

tion, the number of millivolts to which the K-3 potentiometer
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was set divided by 10.003 was numerically equal to the number
of milliamperes of cell current for which that given Helipot
setting was adjusted.

The two lower gangs of the "function selector switch"
connect the side-arm electrodes to the K-3 potentiometer.
Electrode polarity was automatically changed as cell current
polarity was changed. Provision was also made for measuring
the potential difference between the side-arm electrodes when'
no current was flowing through the cell. Such a provision
made possible a convenient check on polarization and on the

inevitable deterioration of the side-arm electrodes.
Method of Operation

Determination of cell constants

The conductivity cells were well rinsed with l-demal
KCl, filled with that solution, and allowed to thermally
equilibrate with the 25° water bath. The working electrodes
and calomel reference electrodes were inserted and current
passed through the cell in one direction, The potential dif-
ference between the reference electrodes was recorded. Then
the cell current was reversed and the new potential difference
was recorded. The reference electrode potential difference
at zero-current was measuréd before and after each of the
above operations. The electrodes were then removed and

washed and the cell sealed for a period of several minutes to
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several hours, whereupon the measurement cycle was repeated

at some different cell current. After a number of such
cycles, the cell was emptied, refilled, and the whole opera-
tion repeated.

At any given current value, the potential differences
measured were averaged for forward and reverse current. If
this average did not agree with the average of the potential
differences as corrected for zero-current voltage, the data

were discarded.

All of the individual cell constant determinations car-
ried out in the manner just described were averaged for each
cell. It is believed that the resulting cell constants were

accurate to within 0.01%.

Cell constants were redetermined after most of the fused
salt experiments were completed, and were found to be un-
changed within the accuracy of the fused salt conductivity-

measurements.

Measurement of hydrochloric acid conductivities

Hydrochloric acid conductivity measurements were made in
the same manner as with l-~-demal KCl.

The HC1l solutions were standardized gravimetrically by
precipitation of AgCl with AgNO3. The analysis was carried
out in the manner recommended by Diehl and Smith (26).

Measurement of fused salt conductivities

The conductivity cell was preheated to some temperature

above the melting point of the salt whose conductivity was to
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be determined and the salt or salt mixture added. The plati-
num working electrodes and the silver-silver nitrate reference
electrodes were then put into place. Once thermal equili-
brium.was reached (as indicated by the absence of temperature
fluctuations at the thermocouple locations), conductivity
measurements were commenced. The sequence of steps was as
follows:
1. Measure temperature in voltage drqp region.
2. Measure potential difference between the reference
electrodes at zero cell current.
3. Measure potential differencé between the reference
electrodes as current is passed through the cell,
4, Repeat step 2.
5. Repeat step 3 at the same current value, with re-
versed polarity.
6. Repeat step 2.
7. Repeat step 1.
8. Repeat steps 2 through 7 at some different cell.
current value,. k
The entire sequence of steps‘was repeated at each new
furnace temperature setting. Normally, the first conduc-
tivity measurements were made just above the melting point of
the salt being investigated, and furnace temperature was
increased in steps until either the 2lectrodes failed or the

salt began to decompose. In some cases, however, furnace
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temperature was changed in random order, or was reset to some
previously used temperature. Observed conductivities did not
appear to depend on the order of temperature settings.

The cell current potentiometer circuit (Helipots) was
calibrated at sufficiently frequent intervals to insure
continually accurate cell current determination.

Calculations

Ideally, specific conductivity may be calculated from

the equation
21
Tr2E

X =

where

x = specific conductivity, ohm™1 cm—1

£ = distance between side~arm holes, cm

I = cell current, amperes

r = radius of U-tube in voltage drop rggion, cm

E = voltage drop, volts.
In practice, it is not convenient to determine £ and r as
accurately as is required, nor to insure uniformity of r.

For this reason, specific conductivity is usually calculated

from the equation

kI

E

where kK is the cell constant, and includes implicitly the

X =

real values of £ and r and any variations of r.

Equivalent conductivity of aqueous solutions was
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calculated from the equation

_ 1000x
A="5
where
A = equivalent conductivity, ohm"l cm? equiv.-l

N = normality, equiv. liter'l.

Equivalent conductivity of fused salt systems was

calculated from the equation

A=%§: X; Eg
where
p = density, gm cm™3
X; = mole fraction of salt i
E; = equivalent weight of salt i.
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RESULTS AND DISCUSSION
Conductivity Cell Performance

As Gunning and Gordon have pointed out (3), it is es-
sential to consider two important problems in planning an
experiment involving the four-probe technique, It is neces-
sary first of all that the reference electrodes be reversible.
Non-reversibility or polarization of electrodes in the con-
ventional alternating current experiments is detectable as
a frequency dependence and as a current strength dependence
of the apparent solution conductivity. If non-reversibility
or polarization is a problem, suitable corrections can be
made and meaningful conductivities calculated.

Non-reversible or polarized electrodes become more
difficult to treat in a d.c. technique. For one thing, fre-
quency is always zero. Any frequency effect will be unob-
servable, It is also true that any non-reversibility of the
reference electrodes will not always be apparent when one is
in the process of measuring voltage drop. Severe cases of
polarization may be reflected in an unstable measured voltage
drop, and may be alleviated by drawing only extremely minute
currents from the reference electrodes (for example, while
searching for the null-point with a potentiometric circuit).

The calomel electrodes employed in this work (aqueous

solutions) behaved very satisfactorily and gave no reason to
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suspect error to be introduced through polarization or lack
of reversibility. When on occasion relatively large voltages
were accidently applied across these electrodes, rapid and
complete recovery of their "open circuit" voltages was ob-
served. So, too, did the silver-silver nitrate electrodes
(fused salt solutions) behave well. As was mentioned earlier,
every conductivity determination was made with both forward
and reverse cell currents. Each measurement was also ac-
companied by notation of the potential difference between

the reference electrodes both before and after the actual
run. These two operations constituted a continual monitoring
of and correction for residual reference electrode voltage
asymmetry, and also warned of any development of electrode
deterioration. '

The most serious shortcomings of the silver electrodes
were their limited useful temperature range and their sensi-
tivity to melt composition. At temperatures below about
300° the Pyrex bubbles became quite non-conductive and it was
difficult to determine null-points accurately. As might be
expected, this sluggish response was most pronoupced at higher
mole fractions of KNO3, due, presumably, to the large cationic
radius of potassium. At temperatures in excess of 400°, the
silver electrodes did not work well in melts of high LiNOj3
concentrations. The reasons are not clear. Once an electrode

was exposed to temperatures above 400° in lithium-rich melts
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it either failed completely or recovered its reversibility
upon cooling.

One could presumably circumvent the lack of electrode
sensitivity at cooler temperatures in either of two ways.

One could use some ultra-high impedance instrument (such as
an electrometer) rather than a galvanometer as the null in-
dicator. Alternatively, one might go to an electrode such as
that of Duke and Garfinkel (27), who provided electrical
contact between the silver solution and the outside melt by
means of a glass frit. No suitable high impedance instru-
ment was available when this work was performed. Glass frits
were tried in preliminary experiments but their use was
discontinued in view of thé inconvenience of coping with
their tendency to leak through the frit.

The second problem pointed out by Gunning and Gordon (3)
is concerned with electrode geometry. Ideally, a reference
electrode should be vanishingly small in the dimension
parallel to the flow of cell current. To the degree that
this requirement is not met, voltage drop occurs across the
surface of the electrode itself, and the conductivity of the
solution being studied will appear to depend upon current
strength.

The glass blower who made the conductivity cells was in-
structed to make the U-tube holes which led to the side-arms

as small as was practicable. He was also instructed to be
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sure that no significant outwara bulge in the U-tube walls
appeared at the hole 1ocatiqns. The principal reason these
precautions were taken was to minimize the effective reference
electrode relative size in the direction parallel to current
flow. (It is reasonable to assume that the potential dif-
ference between the hole sites would be equal to that seen

in the side-arms at the actual electrode locations. At any
rate, any voltage developed within the side-arms would cancel
as the cell current was reversed). As evidence of successful
elimination of cell current effects, specific conductivities
did not change within experimental error as the current was
changed 40-fold in the fused salt experiments and 16-fold

in the agueous solution experiments. ”

It should be mentioned that Ives and Swaroopa (5) have
circumvented the problem of reference electrode geometry in
another way. Their cell was designed in such a way that
reference electrode access to the voltage drop region occur-
red in regions of essentially zero potential gradient. Their
cell, however, was necessarily of rather complex design, and ~
would not be well suited for fused salt work in instances
where such severe attack upon the cell occurs that a new cell
would be required for each salt cﬁmposition studied.

The two cell constants were 109% and 95% of the values
which were calculable from cell geometry. Considering. the

difficulty of precisely measuring the inside diameter of the



24

U-tubes in the voltage drop region, such close agreement of
cell constants to theoretical values is powerful evidence

that .the method of direct current conductivities is wvalid.
Aqueous Solution Conductivities

The d.c. specific conductivities of the hydrochloric
acid solutions investigated in this research are shown in
Table 1. Table 2 compares the present equivalent conductivi-
ties with the most recently pub;ished and most carefully
measured alternating current values. The agreement was not
as good as one might have hoped, especially at the lower
concentrations. On the other hand, the results are at least
as good as those obtained with H,S0, (2,7) and suggest that
nothing about the chain process of hydrogen ion migratiog
leads to a large frequency dependence of conductivity.

It is worthwhile considering the possibility that at the
HC1l concentrations used in this wérk hydrogen ion-chloride
ion pair formation might impede functioning of the hydrogen
ion chain (28). If this were so, and if there were a fre-
quency effect on the chain, then the fact that the a.c.-d.c.
discrepancy found in this research was greatest in the most
dilute solution is explained.

Fused Salt Conductivities
The results obtained in the present work for direct cur-

rent specific conductivities of alkali metal nitrates are
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Table 1. Specific conductivity of hydrochloric acid solu-
tions at 25 °C

HC1
concentration, 1 1 -1 -1
moles/1 Kk, ohm™™ cm™ average x, ohm ~ cm

0.4434 0.16209
0.16210 |
0.16199 0.1620¢

1.043 0.34437
0.34486
0.34469
0.34461
0.34470
0.34482
0.34498 C.3447,

2.083¢ 0.58103
0.58082
0.58097
0.58074
0.58080
0.58080 0.5808¢

Table 2. Equivalent conductivity of hydrochloric acid solu-
tions at 25 °C

A, ohm~lcm?2 equiv.‘l

HC1l conc., owen & difference, difference,
moles/1 This work Sweetond oP Stokes€ o%p
0.4434 365.5 364.1 +0.38 364.41 +.30
1.043 330.5 330.1 +0.12

2.0835 277.8 277.6 +0.072

aGraphf'écal interpolation from a large scale plot of p
vs. (conc.)™ as reported by Owen and Sweeton (28).

this work-lit., value
bCalculated by ( this work ) 100.

Ccalculated from the interpolation function of Stokes
(29).
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presented in Table 3. The data were sufficiently precise
that smooth curves could easily be drawn through the values
when plotted. Accordingly, the empirical equations of Table
4, relating conductivity to temperature, were obtained by the
method of selected points (30). These equations represent
the data to within experimental error.

The present results are compared to values obtained by
other workers (all of whom used alternating current tech-
niques) in Figure 3. Only the curves for the pure salts are
shown. It is evident that the d.c. results are in excellent
agreement with the a.c. values. Similar agreement was noted
for those binary melts for which literature values were
available. It is interesting to observe that the LiNO3 data,
unlike all of the others, form a curve which is slightly con-
cave upward. Such behavior is not generally observed, as
Popovskaya and Protsenko (20) have shown for a variety of
pure nitrates of monovalent cations and for some of their bi-
nary mixtures. Lithium nitrate was the last salt investigated
during this research, for it was expected that some attack on
the cell would take place. Furthermore, for this reason,
data were taken in order of ascending temperature. Such an
attack did occur to a slight extent, as evidenced by the
Pyrex becoming frosted and cracking upon cooling. If the
attack were accompanied by a slight increase in U-tube

radius, then the voltage drop would be less than expected,
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Table 3. Experimental values of specific conductivity of
LiNO3, NaNOj3, KNO3, and their binary mixtures

Melt X, Meit X,
composSi- Temper- ohm~—1 composi- Temper- ohm—1
tion, ature, °C em=1 tion, ature, °C -1
mole % mole % cm
100 LiNO4 284.2 0.9676 50.04 LiNOj3 283.8 0.9097
284.2 0.9696 49.9¢ NaNOj3 283.8 0.9175
321.8 1.1756 303.6 1.0171
321.8 1.1786 303.6 1.0185
359.0 1.3880 331.5 1.1472
359.0 1.3884 331.5 1.1560
355.1 1.2642
100 NaNO3 330.5 1.089 355.1 1.2645
330.5 1.090 394.2 1.4443
349.0 1.168 394.2 1.4465

349.0 1.175
398.6 1.382  74.6y LiNO3 285.8  0.9563
398.6 1.383  25.37 NaNo3 286.2  0.9576

444 .5 1.558 319.5 1.130

444.5 1,562 319.5 1.133

358.5 1.330

100 KNOj3 354.0 0.6785 359.0 1.329
354.0 0.6789 397.8 1.53

374.8 0.,7442
374.8 0.7470 23.3; LiNO3 278.5 0.5139
398.2 0.8181 76.69 KNO3 279.6 0.5236

398.6 0.8190 302.6 0.5974

422.2 0.8882 302.6 0.5977

422.2 0.8894 325.8 0.6761

326.0 0.6772

25.05 LiNOj3 278.5 0.8651 350.2 0.7616
74 .95 NaNOj 278.5 0.8660 350.6 0.7626
300.8 0.9763 374.2 0.8398

300.8 0.9777 374.2 0.8419

327.2 1.096 396.8 0.9172

327.2 1.099 397.2 0.9180

348.8 1,199 421.0 0.9951

349.2 1,203 421.2 0.9949

375.2 1.319 .

375.3 1.320 50.1, LiNO4 285.5 0.6445
398.6 1.422 49.8g. KNO3 286.9 0.6489
398.8 1.422 312.0 0.7419
421.8 1.516 312.7 0.7440
421.8 1,516 345.0 0.8685
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Table 3. (Continued)

Melt € Melt X
composi- Temper- 21 composi=- Temper - =]
tion, ature, ©ohm tion, ature, ohm
mole % °c em~1 mole % °c em~1

345.1 0.8688 50.31 NaNO3 280.8 0.5989
381.5 1.0048 49.69 KNOj3 282.2 0.6014

381.5 1.0048 325.5 0.7730
427,.2 1.18 326.2 0.7746

375.8 0.9555
74.80 LiNO3 290.2 0.8025 375.8 0.9556
25.2p KNO3 290.2  0.8034 398.8 1.038
330.2 0.9838 399.0 1.039

330.2 0.9866 422.2 1.117

370.2 1.155 423.2 1.118

370.8 1.154

75.09 NaN03 301.8 0.7923
24.85 NaNO3 280.0 0.5125 24.91 KNOj 302.1 0.7957
75.15 KNo3 280.0  0.5128 302.1 0.7971
302.6 0.5929 302.8 0.7957
302.6 0.5930 348.8 0.9909
326.0 0.6741 348.8 0.9977

326.2 0.6749 398.8 1.187

352.0 0.7624 398.8 1.190

352.2 0.7620
376.8 0.8429
377.0 0.8435
399.0 0.9159
399.0 0.9165
420.8 0.9836
421.0 0.9841
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Table 4. Specific conductivity equations for LiNO3, NaNOj,
KNO3, and their binary melts

X = a + bt + cté
melt composition,

mole % a b x 103 c X 106

100 LiNO3 -0.4424 4.4524 +1.8027
100 NaNO3 -0.8007 6.9089 -3.5949
100 KNOj3 -0.8241 5.2218 -2.7583
25.05 LiNO3 -0.7763 6.7915 -3.2169
74.95 NaNO3

50.04 LiNO3 - _
49.9¢ NaNO3 0.6253 5.9456 1,7573
74.609 LiNO3 _ _

25.30 NaNO3 0.7441 6.5804 2.2173
23.3; LiNo3

76 .69 KNO3 -0.5769 4.,2578 -1.2446
50.17 LiNO3

49,85 KNos -0.4578 3.9418 -0.2828
25.24 KNO3 .8902 6.959 3.875
24 .85 NaNO3

50.31 NaNO3

29.69 KN, -0.7358 5.4550 -2.5391
75.09 NaNOs _ _
24.91 KNO3 0.9017 6.8016 3.9159




Figure 3. Specific conductivities of LiNOj, NaNO3, and
KNO3
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and the app&rént conductivity correspondingly high. The
cracks precluded a redetermination of the cell constant after
the run.
Typical specific conductivity isotherms (350°) for each
pair of nitrates are shown in Figure 4. Other isotherms,
of course, may be calculated from the equations of Table 4.
~ Of more fundamental interest are equivalent conductivity
isotherms, some of which are shown in Figure 5. As has been
shown, salt density (or, what amounts to the same thing,
equivalent volume) enters into the calculation of equivalent
conductivity. It became somewhat of a problem to select
density data to use in these calculations. The literature
is replete with densities of pure LiNO4 (15,18,31), NaNO3
(11,13,15,18,22,32), and KNO3 (11,13,15,18,19,22,31,32).
More difficult to find are binary melt densities., Sandonnini
(22) has investigated lithium-sodium melts and Smith and
Petersen (31l) have studied lithium-potassium melts. Only in
Murgulescu's laboratory have all three mixtures been in-
vestigated. 1In all of these data there is only fair agree-
-ment among the various workers., For the sake of internal
consistancy, the densities of Murgulescu and Volanschi (32)
and of Murqulescu and Zuca (18) were used here,.
Of particular interest are the strong deviations of

equivalent conductivity from additivity (dashed lines in

Figure 5). The deviation is most pronounced for the LiNO3-
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Figure 4. Specific conductivities of binary melts at 350 °C
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Figure 5. Equivalent conductivities of binary melts at 350 °C
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KNO3 isotherm, where the cationic radius difference is
greatest. In the case of LiNO3-NaNO3 melts, all mixtures
actually are less conductive than either pure salt. It is
highly unusual, but not unique, to observe a minimum in an
equivalent conductance isotherm of a melt whose constituents
are not readily suspected of any tendency to form complex
species. Such behavior has been noted previously for
Licl-kc1l(33,34), KC1-KI (34), and possibly NaCl-KCl (34).
It is interesting to inquire into the reasons for the
appearance of minima in cases such as those cited and the
present work. Unfortunately, no generally accepted explana-
tion is available. Van Artsdalen and Yaffe (34), in dis-
cussing their observations of the LiCl-KCl system, propose
that short range order in KCl is altered by the presence
of low concentrations of small lithium ions such that the
chloride lattice becomes shrunken slightly. This in turn
would presumably impede the migration of potassium ions,
which carry most of the current, leading to a decrease in con-
ductance. Alternatively, they suggest the possibility that
potassium would find it more difficult to migrate into
lithium cation sites than into potassium sites, the former
sites becoming more prevalent as LiCl concentration increases.

In either case, the higher mobility of lithium ions would

1Bissell, C. L., Ames, Iowa. Unpublished data on direct
current conductivity of LiCl-KCl melts. Private communica-
tion. 1963,
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eventually prevail as they become more numerous. It is not
clear that either of these suggestions would be whblly satis-
factory to explain the present results observed for the
LiNO3-NaNO3 system, where analogous behavior occurs on both
ends of the isotherm.

An unusual observation by Duke and Victor (35) may be
important to any explanation of minima in isotherms of melts
similar to those being considered here. For the LiNO3-KNOj3
system, they found that within experimental error each of the
cations displayed the same transport number as the other at
all concentrations studied, even though the transport num-
bers were quite different in the two pure salts. They
interpreted their results as implying some poly order
process being responsible for current conduction, suggesting
either motion of groups of ions, or migration of charged
holes over relatively large distances in single jumps. Re-
cently, Laity and Moynihan (36) re-examined published data
for several other systems and confirmed the approximate
equality of cation mobilities.

It is interesting to speculate upon the consequences of
assuming the mechanism of Duke and Victor. Suppose one were
to consider cationic conduction as consisting of jumps of
cation chains. (This is equivalent to considering jumps of
charged holes in the opposite direction.) As one added small

amounts of one salt to another pure salt, the foreign cations
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would become randomly spaced along these chains, It would
seem reasonable to assume that if the foreign ions shortened
the average chain length, conductivity would decrease., It
also seems somewhat reasonable that if chain length were not
changed, then the chain non-uniformity might result in an in-
creased activation energy for the jumping process, thereby
decreasing conductivity.

Unfortunately, neither a satisfactory theory of fused
salts nor sufficient experimental data are available at
present; it is not yet possible to explain fully the observed
equivalent conductance isotherms in alkali nitrates or similar

systems.
Alternate Procedure for Conductivity Measurement

Some preliminary studies were made on a conductivity
cell which employed platinum reference electrodes. Short
lengths of fine platinum wire were led through the walls of
20 mm ID Pyrex tuve. The tube was sealed within another tube
to form an air jacket, and the whole assembly partly im-
mersed in the solutions under study. Platinum working elec-
trodes were placed outside the outer tube and inside the
inner tube (above the reference electrode). An attempt was
made to calculate conductivity from the measured voltage
drop across the reference electrodes. In order to minimize

electrode polarization, a vacuum tube voltmeter (impedance
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. of about 108 ohms) was employed as a null detector in the
pofentiometric circuit.

Not surprisingly, the apparent voltage drop varied with
time., It was also observed that when current was switched
off, a residual voltage of opposite polarity but of ap-
proximately the same magnitude appeared across the reference

| electrodes. A tap switch was devised which permitted con-
ductivity measurements to be made either as current waé
switched on or switched off. 1In the former instance, cell
current was off, the probes shorted out, and the potentiom-
eter circuit open with the tap switch in rest position. As
the switch was depressed the following steps occurred in
sequence:

1. Probe short removed

2. Cell current on

3. Potentiometer circuit closed.

The sequence was reversed as the switch was released. The
whole cycle was repeated at various potentiometer sgttings
until the null point was found.

In the second method, the cell current was on, the probes
shorted out, and the potentiometer circuit open when the
tap switch was in rest position. As the switch was depressed
the following steps occurred in sequence:

1. Probe short removed

2. Cell current off
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3. Potentiometric circuit closed.

As before, the sequence was reversed as the tap switch was
released, and the whole cycle repeated until null point was
achieved.

Both methods were used to measure the specific con-
ductivities of saturated aqueous NaCl (24°) and of NaNO3-KNO3
eutectic (238°). Conductivities calculated by each method
agreed to within 15% of published values, both for the
aqueous system and for the nitrate melt.

It appeared that simple reference electrodes such as
those just described might‘be made to work as well as
silver-silver nitrate electrodes, providing polarization
could be eliminated. One approach which could be tried
would be the use of an ultra-high impedance null point
detector in place of a vacuum tube voltmeter. No further

experimental work was done on this technique.
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SUMMARY

The practicability of direct current specific conduc-
tivity determinations of fused salt systems has been demon-
strated. A conductivity cell design has been achieved which
eliminated many of the problems associated with alternating
current techniques. Glass capillaries were not used; rather,
nearly any convenient cell diameter would be feasible. The
use of large diameter tubes minimized errors which would
otherwise arise from the conductivity of glass itself and
from cell constant deviations caused by attack of small di-
ameter tubes by the melt under investigation. Furthermore,
the direct current circuits employed were considerably more
simple to build and operate than corresponding alternating
current circuits,

It was shown that the experimentally determined cell
constants of the conductivity cells used were very nearly
the same as were calculable from cell geometry. Presumably,
the constants were identical within the errors of measuring
cell dimensions. Within the ranges investigated, conductivi-
ties determined in this work were independent of cell current
(up to a 40-fold variation). The cell design chosen was
simple; no particular difficulties would be encountered in
building the cells by anyone possessing moderate glass blow-
ing abilities.

The direct current conductivity of hydrochloric acid
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solutions was measured. It was shown'that to within one to
three parts per thousand the suspected chain mechanism of
hydrogen ion conductivity displayed no freQuency effect.

That is, the present values agreed with published alternating
current values,

The direct current conductivities of LiNO3, NaN03, KNO3,
and their binary mixtures were determined. Agreement with
published alternating current values, where available, was
excellent. The three binary systems all displayed moderate
negative deviations from additivity of specific and equiva-
lent conductivity. The most interesting feature observed for
these melts was the minimum in LiNO3~NaNO3 equivalent con-
ductivity isotherms. Lack of experimental data and of a
workable fused salt theory precluded satisfactory explana-
tion of equivalent conductivity minima.

Finally, some exploratory experiments were described
in which attempts were made to use extremely simple but
highly polarizable, highly irreversible reference electrodes
in direct current conductivity measurements. The results

were encouraging.
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PART II. A CARBON DIOXIDE FORMATION CELL
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INTRODUCTION AND LITERATURE SURVEY

An electrochemical cell in which the net reaction occur-
ring represented only the consumption of oxygen and carbon
and the production of carbon dioxide would have significance
in two areas. First, such a device would have fundamental
importance in fuel cell research. Secondly, such a cell
would provide the possibility of direct determination of the
thermodynamics of formation of carbon dioxide. The present
research describes several aspects of a carbon dioxide forma-
tion cell.

A general discussion of fuel cells and of fuel cell re-
search is much too broad a topic for treatment here. Exten-
sive study in this area is currently underway and an enormous
amount of published material is available. The reader is re-~
ferred here only to two introductory, non-specialized accounts
(37,38).

A particularly attractive fuel cell would be one utiliz-
ing atmospheric oxygen at the cathode and carbon (from fossil
fuels) at the anode., Electrode reactions may be written

generally as

0, + 4e” — 2[07] cathode reaction
c + 2[0%) —e CO5 + 4e~ anode reaction
C + 02 — CO2 net cell reaction

where [0¥] represents some form of solvated oxide ion. This

type of fuel cell was first and most thoroughly studied by
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Baur and co-workers (39,40,41,42,43,44,45). (Earlier related
work has been reviewed by Baur and Tobler (46).) Their re-
search was directed chiefly toward the ultimate development
of workable fuel cells. Accordingly, their electrodes and
electrolytes were éonsiderably more robust, but less amenable
to quantitative treatment, than those which were employed in
the present work. Baur tended to prefer electrodes and
electrolytes consisting of various metallic oxides and coke
in the form of powders bound by borax or soft giass. The
cells were operated at temperatures sufficiently high to
render the binders fluid and electrically conductive.

Baur and co-workers were able to achieve several
promising cells. They did find one serious disadvantage of
the carbon cell. That is the necessity of high-temperature
(> 800°) operation in order to achieve reasonably rapid
carbon oxidation (as would be required to draw usefully large
current from the cell). Even if one were willing to tolerate
the problems of cohtainment and thermal insulation, much of
the efficiency of the cell would be lost in non-useful con-
sumption of fuel through the equilibrium

C + CO, = 2CO
The equilibrium lies well to the right at high temperatures,
but it was observed in the present work that it was rather
slowly attained. Several low-temperature carbon cells were

investigated and are described below:; however, no attempt was
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made to devise an experimental low-temperature fuel cell
prototype.

Any electrochemical cell (of which C,C0,/electrolyte/0;
is an example) for which the net reaction is the formation of
a compound from its elements may be termed a formation éell
(47). If the cell is equipped with reversible electrodes,
and if junction or diffusion potentials are absent or
negligible, then one can calculate the free energy, AG,
enthalpy, AH, and entropy, AS, of formation of the compound
under the prevailing temperature and pressure, The necessary
equations for a constant pressure process are as follows:

AG = -nFE

dE
= -nF(E-T =
AH ( a7 )

ae

where

n = the number of electrons transferred in the net cell

reaction |

F = the faraday

T = absolute temperature.

It is often true that formation cells can furnish more re-
liable molar and partial molar thermodynamic data than can
the more usual thermal and cryoscopic methods. A number of
such cells have been studied in fused salt media; however,

the lack of reversible cathodes has largely restricted such
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work to halides. Murgulescu and Sternberg (47) recently have
reviewed halide investigations. Rose, Davis and Ellingham
(48) have summarized some of the work with oxide formation
cells, and also have presented some of their own findings on
halide, oxide, and sulfide cells.

Some of the earliest work with metal.oxide formation
cells was done by Treadwell (49). His electrolytes con-
sisted of the powdered metal oxide under investigation, mixed
with a little borax. He used a liquid silver cathode through
which oxygen was bubbled. Most of the recent work with oxide
formation cells has involved platinum, oxygen electrodes.,
Mashovets and Revazyan (50) have studied various reactions of
aluminum in cryolite-alumina melts. Hill, Porter and
Gillespie (51) have investigated the formation of iron,
nickel, and copper oxides in metal oxide saturated Li;SO4-
K2SO4 melts. Delimarskii and Andreeva (52,53) and Delimarskii
and Nazarenko (54) measured formation voltages and activities
of PbO and Bi,O03 in the pure oxide melts and in oxide-NaPO3
and.oxide-NazB4O7 melts,

In the present research, the following formation cell
was studied:

CO,/fused salt electrolyte/Pt,oz.
The most frequently used electrolyte was a mixture of Na,sWOy

Cgraphite’

(85 weight %) and WO3 (15 weight %). This composition was

not far removed from the eutectic mixture which melts at 626°
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(55) . Some studies were carried out in chromate, sulfate, and
borate melts and in dilute hydroxide and carbonate melts.
Duke and Copeland (56) have conducted some exploratory re-
search with borate and tungstate systems.

Since processes occurring at the carbon electrode were
of primary interest in this work, it was important that a
reliable oxygen electrode be used. Reversible oxygen elec-
trodes apparently are very nearly unavailable for use in
aqueous systems (57), but they can be devised for use at the
higher temperatures commonly encountered in salt melts.
Electrodes reversible with respect to oxygen gas and oxide
ion are most freQuently simply a noble metal surface over
which oxygen gas is bubbled. Gold, silver, and a few less
inert metals have been used, but platinum seems to be the
most versatile choice.

Baur and Brunner (42), .Janz and Saegusa (58), Janz and
Colom (59), and Stepanov and Trunov (60) have studied Pt,05
electrodes in alkali metal carbonates. The latter authors
(60) observed the electrode to be reversible so long as a
carbon dioxide partial pressure greater than the carbonate
dissociation pressure was maintained in the oxygen stream.
Flood, Forland and Motzfeldt (61) employed Pt,0, electrodes
(with COj3) in NapCO3-NajSO4 melts. Hill, Porter and
Gillespie (51) and Flood and Forland (62) worked with alkali

sulfate melts. It was reported (51) that iron poisoned the
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platinum surface, and a method to remove iron was worked out.
Lux (63) also used sulfate melts with Pt,0, electrodes, but
felt that Au,0, electrodes were superior.

Csaki and Dietzel (64), Delimarskii and Nazarenko (54),
Delimarskii, Andreeva and Nazarenko (65), and Nazarenko (66)
constructed concentration and formation cells which involved
Pt,02 electrodes in Na,B405 melts. Delimarskii and Andreeva
(52,53,67) built similar cells employing an electrolyte of
NaPO3. Other melts have been studied. These include lead
silicate (68), cryolite-alumina (50), and sodium hydroxide
(48,69). Kust (70), Shams El Din (71), and Shams El Din and
Gerges (72) very recently have developed Pt,0, electrodes for
use in alkali nitrate systems. Kust found the electrode to
be completely reversible; this is perhaps the lowest tempera-
ture system so far reported wherein oxygen electrode re-
versibility is attainable.

The consensus of the authors cited above appears to be
that Pt,05 electrodes are reversible so long as no signifi-
cant current drain occurs, Some investigators actually
tested for reversibility; others reported no evidence of a
lack of reversibility. In one case, non-reversibility was
claimed; Flood, Forland and Motzfeldt (61) reported that
Pt,07 electrodes did not behave properly in a KyCrO4-K,Cr,04
melt,

In view of the generally satisfactory properties of
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Pt,0, electrodes (at least, in oxy-anionic melts), they were
employed in the present research.

Both anodic and cathodic oxygen electrode overpotentials
have been studied, but the number of such investigations is
limited. Flood and Forland (62), Karpatscheff and Patzug
(73) , and Janz and Colom (59) have measured anodic overpoten-
tial in, respectively, sulfate, nitrate, and carbonate melts.
Cathodic overpotential in carbonate melts was studied by
Baur and Brunner (42). Agar and Bowden (69) studied both
anodic and cathodic overpotentials of platinum in fused
NaOH. Platinum-oxygen electrode overpotentials also were
measured in the present research.

Considerably less information is available on carbon,
carbon dioxide electrodes. Of course, Baur used carbon
electrodes in his fuel cell work, which has already been
mentioned. His electrodes were of a type quite different
than those employed in the present study, and will not be
discussed here, What other work has been done was published
in various Russian journals, and has been summarized in a
book by Delimarskii and Markov (74). The various investiga-
tors reported that carbon electrodes (bathed in CO4 and/or
CO) behaved as oxygen-oxide electrodes when immersed in oxy-
anionic melts. Assuming the equilibria

CO, + C = 2CO

and
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COp = CO + %0,
exist at the carbon surface, this is equivalent to saying
that carbon functions as a COj electrode (or as a CO electrode).
Graphite rods, over which CO, and/or CO was bubbled,
served as anodes in the present researcﬁ. Studies were made
of cathodic and anodic overpotentials at the graphite

electrodes.
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EXPERIMENTAL

Materials and Equipment

Chemicals

"Baker Analyzed" KZSO4, K,Cr0y, Na,CO3, and NaOH and
North Meﬁal and Chemical Co. (York, Penna.) C. P. grade
WO3 all were used without further purification. "Baker
Analyzed" NapCry07 * 2Hp0, Na,B,0,°10H30 and Na,Wi04 + 2H0
all were oven-dried to the corresponding anhydrous salts.
"Baker Analyzed" H3BO3 was heated for a prolonged period at
500-600° (until well after bubbling ceased) in order that
anhydrous B,03 might be obtained. Before each experiment in
wh;ch it was used, "Baker Analyzed" potassium pyrosulfate was
heated for several hours at the maximum temperature to which
it was to be subjected in the experiment. During the heating
period, the salt was under aspirator vacuum,

Cylinders of argon (Newkirk Sales and Service, Waterloo,
Ia.), carbon monoxide (C.P. grade; The Matheson Co., Inc.,
Joliet, Ill.), carbon dioxide (Mitcheltree Fire Extinguisher
Co., Des Moines, Ia.), and oxygen (U.S.P. grade; Wright
Welding Co., Des Moines, Ia.) were required. The oxygen was
passed through a Mg(ClO,), drying tower and used without
further purification.

A gas train was set up for purification of CO, CO,, Ar,

and mixtures of these gases. After passing through a Mg(ClO4) 5
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drying tower and a flow meter, each gas was led into a helical
mixing chamber. From this chamber the gas (or gas mixture)
passed through a tube heated to 500° and containing copper
powder, thence through a tube, also heated to 500°, con-
taining cupric oxide powder. Finally, the gas flowed through
a tube filled with Ascarite and more Mg(ClO4),. The cupric
oxide and Ascarite tubes were provided with by-passes so that
a gas which would otherwise be absorbed could be supplied to
the electrochemical cell.

By appropriate operation of the purification train,
CO,-free CO and CO-free co, could be 6btained. All gases
were oxygen-free, On occasion exceptionally pure argon was
desired. In such instances the tube containing copper powder
was replaced by a tube filled with tantalum chips and heated
to 800°.

Furnaces

Various tube furnaces were used to heat cells. These
furnaces were mounted vertically and had suspended in them
large test tubes containing the fused salt solutions under
investigation. During the course of the research three dif-
ferent temperature controllers were used. These were a
Bristol ;Model 536 Indicating Electronic Pyrometer Controller"
(The Bristol Company, Waterbury, Conn.) and two Honeywell
proportional controllers (Minneapolis-Honeywell Regulator

Co., Philadelphia, Penna.). One of the Honeywell controllers
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actuated a servo-motor which in turn varied the setting of the
furnace Powerstat. The other two contrcllers merely switched
furnace current on and off. 1In all cases, melt temperature
could be held to a one degree variation once thermal equi-
librium was reached, Chromel-alumel thermocouples, located
in air and near the fused salt containers, led from furnace
to controller.

Most of the furnaces used had no provision for adjust-
ment of temperature gradient within the furnace cavity. In
all experiments, fused salt containers were of relatively
large cross section and contained shallow melts; convection
within the containers was relied upon to provide uniform
temperatures within all regions of the melts.

Temperatures within the electrochemical cells were
measured by a Leeds and Northrup Model 8662 thermocouple
_potentiometer. The potentiometer was provided with a reference
junction correction slidewire. Chromel-alumel thermocouples
were used. Hot junctions were sheathed in quartz or Vycor,
and were immersed in the fused salt solutions.

Electrochemical cells

All cells used were basically alike in that they con-
sisted merely of a large test tube (from 38 to 54 mm I.D.)
suspended in a furnace and containing the salt under investi-
gation. Immersed in the melt were two electrodes. The

electrodes were physically isolated from one another by
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placing one of them within a second, smaller, test tube wﬁich
had a very small hole in the bottom through which electrical
contact was made., For experiments in which current was
passed through the cell, one or more reference electrodes
also were employed. Since the reference electrodes were
identical to the working electrodes, each reference electrode
was located immediately adjacent to its corresponding working
electrode.

All gas electrodes were of the same basic design and
provided a means to pass fresh gas over the immersed surface
of platinum or graphite. Typical platinum, oxygen and
graphite, carbon dioxide electrodes are shown in Figure 6.

It usually was the graphite, carbon dioxide electrode which
was placed within the smaller test tube electrode compartment.
In order to exclude air from the compartment, its upper end
terminated in a 34/45 outer joint. The corresponding ipner
joint (shown in Figure 6) closed the compartment. When a
graphite reference electrode was used, a different 34/45 inner
joint was employed; this joint was provided with two elec-
trodes, both of the same type as is shown in the Figure.

Use of platinized platinum foil instead of shiny platinum
wire did not appear to be advantageous. Neither did prior
"soaking" of the electrode in the melt under investigation af-
fect experimental results. Whether or not the graphite

electrode-platinum lead junction was above or below the
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surface of the melt in the carbon electrode compartment was
of no significance. The platinum~-graphite interface ap-
parently did not serve as a preferred reaction site, nor was
any large thermal emf generatea. The latter statement was
independently confirmed by determining thermal emf in a
separate experiment. It is also worthwhile mentioning that
platinizing the graphite itself offered nd benefits.

National Carbon Company spectrographic grade graphite
rods were used as electrodes in this work.,

Most of the experiments which were performéd involved
NasWO4~WO3 melts. These melts appearéd to very slowly at-
tack both Vycor and fused silica. The cells could be used
for periods up to several weeks without seepage or serious
attack; however, glass invariably broke when cooled, no matter
how briefly it had been exposed to the melt. It was necessary
to use some container other than glass to hold NajB407-B503
melts. Large nickel crucibles were satisfactory. Glass
electrodes and electrode compartments could be used for
periods of a few days without disintegration, so long as no
appreciable mechanical stress was put upon them. Carbonate-
or hydroxide-containing melts presented serious containment
difficulties. Containers such as platinum or gold were un-
available and, in any case, would have been unsuitable for
electrode construction. In practice, nickel and glass were

used and experiments were completed within a few hours. The
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other melts studied presented no containment or corrosion

problems.

Electrical Measurements

Cell voltage

Cell voltages were measured in three different ways as
work progressed. A conventional potentiometric circuit was
employed for preliminary experiments and fér all runs with
other than tungstate>melts. A Leeds and Northrup type K-3
potentiometer and type 2430A galvanometer were used.

It became evident that even the small currents neces-
sarily passed through the cells when searching for the
galvanometer hull point tended to polarize the electrodes
slightly. While it was possible to arrive eventually at
meaningful emf values, the time required to do so would have
been intolerably long in experiments designed to study the
variation of electrode polarization with cell current. Ac-
cordingly, electrometers were acquired. (Keithley Instru-
ments, Inc. models 600A and 603 were used. For the purposes
of this research, the two electrometers were identical in
operation and characteristics and no distinction will be made
between them hereafter.) According to the manufacturer's
specifications, electrometer input impedance was greater than

014

1 ohms. It was therefore assumed that any electrode

polarization caused by current drain through the electrometer
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would be completely negligible. No experimental evidence to
refute this assumption was found.

The electrometer was used in place of a galvanometer as
the null indicator of a potentiometric circuit for those
experiments in which "6pen circuit” cell vdltages were sought.
For those experiments in which electrode overpotential was
studied as it depended upon cell current, a slightly dif-
ferent measuremént technique was used. The electrometer and
a potentiometer were placed in series with a reference elec-
trode and the electrode under investigation. The potenti-
ometer supplied a potential of equal magnitude and opposite
polarity to the emf developed between the reference electrode
and investigated electrode at zero cell current, As cell
current increased from zero, the voltage indicated by the
electrometer was identically the electrode overvoltage.
Bucking potentials on the order of a few millivolts were re-
quired between any two graphite elé&trodes. Normally any tﬁo
platinum electrodes were sufficiently reversible that no

bucking potential at all was necessary.

Electrode overvoltage "

A 6-volt storage battery supplied polarizing currents.
The battery was connected in series with a multirange ammeter,
a resistance variable down from 22-megohms, and the Pt,0, and
C,C05 electrodes. By simply reversing battery polarity, one

could measure overpotential when the cell was operated in
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either normal or reverse direction. When the cell was
operating normally, it made no difference in the observedv
overpotential at any given current whether the battery was
used as a current supply or the cell was simply shorted by

a resistor. Because of its greater convenience, the battery
was nearly always used.

On occasion the rate of growth or decay of.overpotential
was of intefest. A Moseley X-Y recorder was used to record
overpotential variations occurring from five to several
hundred seconds after the polarizing current was turned on.
The X-axis signal was provided by the electrometer output
terminals. An internal time base supplied the Y-axis signal.
A Tektronix, Inc. type 545A oscilloscope (with type CA plug-~
in dual trace preamplifier) was used to follow overpotential
changes which occurred in less than five seconds from onset
of polarizing current. Oscilloscope traces were recorded on
Polaroid ASA 3000 film with a "Beattie Oscillatron" model
KLLP type 12445 camera (Beattie-~Coleman, Inc., Anaheim,
Calif.). As before, an internal time base and the elec-
trometer output provided signals to the oscilloscope. A
double pole switch in the polarizing current supply circuit
simultaneously switched on (or off, as appropriate) cell

current and triggered the oscilloscope trace.
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RESULTS AND DISCUSSION
Cell Voltage

It is easy to calculate the theoretically expected

voltages for the cell
cgraphite,Coz/electrolyte/Pt,02.
From the free energy functions and the constants, H:, as
tabulated in Lewis and Randall's book (75), the standard
electromotive force of the formation cell was calculated to
be 1.026 volts over the temperature range of this research.
If carbon dioxide is passed over a graphite surface suf-
ficiently slowly, it will react to establish the equilibrium
CO2 + C = 2CO0.

Accordingly, the equilibrium constant also was calculated at
a number of temperatures, and from these values, the partial
pressure of CO, at each temperature was obtained. (It was
assumed that f; = pj and 2 p;j = 1, where £; and pj are,
respectively, the fugacity and partial pressure of gas i.)
It was then possible to calculate the temperature dependence

of the theoretically expected voltages from the equation

2
=g’ - RL co2
Ep =E - TF

In £

P02

Ep = theoretically expected voltage at temperature T

E° = standard voltage
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R = the gas constant
T = absolute temperature
F = the faraday

po2 = partial pressure of oxygen at the oxygen electrode
(assumed to be unity).

Figure 7 shows E° and E at various temperatures. It
should be noted that E, as calculated above, also is identi-
cally the voltage one expects from the following cells:

Cgraphite,co(pequil)/electrolyte/Pt,oz(p=1)
and .
Cgraphite,oz(pequil)/electrolyte/Pt,oz(p=l)
where the pressures of CO and O, at the graphite are those

computed from the simultaneous equilibria

C + 02 = COz
Co2 + C = 20C0
CO2 = CO + ;502.

The equilibrium partial pressure of all three gases are
shown in Figure 8,

Various electrolytes were tried and are indicated in
Table 5. Also shown in the table are the maximum voltages
obtained in each melt at one or more typical temperatures.
All experiments in melts other than the tungstate system must
be considered as exploratory, for no particular effort was
made in such cases to improve upon the results obtained.

The very low voltages observed in the first three melts
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Table 5. Electrolytes employed in CO5; formation cells

Electrolyte Temperature, Maximum emf, volts
(-]
C
K .CrO,-Na,Cr,0 400 0.13
27" "a T2 2T 500 0.1
KoCr0O4-NasCry0y~-NaOH 400 0.5
K2504-K25207 400 0.3
B,0,-Na,B,0 800 1.04
273 2741 850 1.06
860 1.08
3203-Na2B4O7-Na2CO3 800 .95
WO3-Na,WO,4 800 .90

-

indicated in the table were not unexpected. The hydroxide
and pyrosuifate melts were not thoroughly dry. Furthermore,
water was generated as COj; came into contact with NaOH. A
green deposit, presumably Cr;03, was formed on the interior
walls of the graphite electrode compartment in experiments
which used the chromate-dichromate system, Duke and Copeland'
(56) also noted reduction of the melt in their experiments in
‘a MoO3-Naj,MoO, system. In that instance, metallic molyb-
denum deposited on the graphite.

Borate systems ostensibly were the most"promising of the
melts tried, in that cell voltages very nearly equalled the
theoretical values. It is also true that there is no

possibility of chemical oxidation of graphite by a borate
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melt. On the other hand, severe disadvantages of such melts
were evident. Silica was completely unsatisfactory as a
container, and was not especially suited for electrode and
electrode compartment construction. The viscosity of such
melts is extremely high, and led to difficulty in obtaining
satisfactory operation of the gas electrodes employed. Over-
voltage of these cells was very much higher than was ob-
served in tungstate melts. If the overvoltage was caused
primarily by concentration gradients in the vicinity of the
electrodes, then its magnitude also could be attributed to
the high viscosity of the borate system.

Most of the present work was performed with wo3-Na2W04
electrolytes. It has already been mentioned that the tung-
state systems offered no containment difficulties. Their
viscosities were sufficiently low to permit satisfactory gas
electrode operation. Furthermore, it was possible to vary
WO, content from zero to about 70 mole % and still not exceed
a 750° melting point (55).

The platinum, oxygen electrode performed satisfactorily
in tungstate melts, and was assumed to be reversible. Cell
voltage changed very nearly as would be éalculated from the
Nernst equation when air was substituted for oxygen at the oxy-
gen electrode. This behavior also was noted by Duke and
Copeland (56). Approximately correct voltages were observed

from the cell
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W/WO03-Na,W0,/Pt,05.
The standard voltage of this cell was calculable from thermo-
dynamic data (24) but, since activity of WO3; was unknown, the
actual voltage to be expected could be estimated only.

Interpretation of the electrochemical behavior of the
graphite electrode in tungstate melts was equivocal. The
relatively small amount of published information on graphite
anodes in oxy-anionic melts (74) indicates that graphite,
bathed in CO, or CO, behaves as an oxygen electrode. A more
detailed discussion of this concept will follow below.

Figure 9 shows the temperature dependence of cell
voltage as observed in a typical experiment, Cell voltages
were not very reproducible from one experiment to another,
but always the same general form of the temperature depen-
dence was found. At any given temperature in the same melt,
cell voltage fluctuated from day to day by as much as 10 to
20 millivolts. Since no uniform trend in the variations was
observed, the reason for such behavior was not clear.

Cell voltage was also dependent upon the composition of
the tungstate melts. Data are presented in Figure 10 for two
experiments in which increasiﬁg amounts of W03 were added to
initially pure Na,WO4 melts. The data for each of the ex-
periments were.all collected within a 1l2-hour period. Ex-
cept as otherwise indicated below, all experiments in

tungstate melts were performed on melts of the composition
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15 weight % WO3, 85 weight % Nazwo4. This composition is
nearly the eutectic mixture, and was chosen to permit a wide
temperature range of operation.

Graphite anodes apparently were not reversible in_tung-
state melts. Cell voltages were highly dependent on CO, flow
rate, the voltage decreasing with increased flow rate., The
voltage relationship was nearly logarithmic in flow rate.
Plots of cell voltage vs. log flcw rate at different input
| CO, partial pressures (the dilqent was argon) gave a family
of lines of approximately the same slope. Similar behavior
was observed when carbon monoxide was the electrode gas.

When the electrode gases were passed through a furnace con-
taining graphite heated to the temperature of the electro-
chemical cell, then introduced to the graphite electrode, the
flow rate dependence of voltage was less pronounced. This ef-
fect was interpreted as implying that the establishment of

the equilibria involving graphite, CO,, CO, and O, was rela-
tively slow. If the equilibria are, indeed, slowly attained,
fuel depletion in a graphite-air fuel cell through the reac-
tion of CO2 with graphite might not be as serious as has been
thought.

Further evidence of slow attainment of the equilibria
may be cited. Argon was bubbled over a large (95 cm?2)
graphite anode and the effluent gases were passed through a

gas train so that CO3 and CO (oxidized by CuO to CO3) could
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be collected and weighed. The argon was first freed from oxy-
gen by being passed over hot tantalum, A known amount of
current was passed through the cell and was measured with a
.copper coulometer (76). (The number of equivalents of gas
collected agreed to within 5% of coulometer values.) Zero-
current blank determinations were run at each temperature.
Results of this experiment are presented in Table 6.

Table 6. Gas formation from a graphite-oxygen electrochemi-

cal cell
Current, (Co,/C0) Current densit
Tempera- milli- (COZ/CO)’ elgctroi at anode Y
ture, °K equiv. blank chem. ma cm'z’
1027 20.2 9.6 29.3 3
1139 23.2 1.5 11.9 4

Two conclusions may be drawn from the observation that
at each temperature the electrochemical C0,:CO ratio exceeded
the blank ratio. First, the equilibrium between CO3 and CO
must have been established rather slowly, for if not, the
ratios should be identical. Secondly, such large ratios sug-
gest that CO, was the primary electrochemical product, and
not CO. ’

A few experiments were performed in which a constant
electrode gas flow rate was maintained as the partial pres-

sure of COj3 was changed. The Nernst equation was not

obeyed. Voltage changes were very much smaller than the
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theoretical effect, and plots of emf vs. log pco2 were
sharply concave toward the log P002 axis.

It is appropriate at this point to make some preliminary
remarks concerning the reactions suspected of occurring at
the anode. It can be calculated from thermodynamic functions
(24,75) that the standard free energies of the reactions

2/3 WO3 + C —=2/3 W + CO,
and
2 Wo3 + C —=2 WO, + COp
are negative at temperatures in excess of 980 °K and 870 °K,
respectively. If the assuﬁption is made that graphite is
functioning as an oxygen electrode, an approximation can be
derived for cell voltage expected when oxygen partial pres-
sure is governed by each of the equilibria '
WO3 =W + 3/2 03
and
WO3 = WO, + 1/2 0;.
The voltages are shown in Figure 11. That the voltages are
only approximations is evident from the fact that WO3, WO2,
and CO, are not present at unit activity.

The experimentally observed cell voltages, such as are
presented in Figures 9 and 10, must be reconciled with the
curves of Figure 11 if the assumption that graphite behaved
as an oxygen electrode is to be justified. The negative

slope of the curve shown in Figure 10 is what would be
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expected if dissociation of WO3 governed the oxygen partial
pressure seen at the graphite-melt interface. The positive
slope of the curve of Figure 9 is more difficult to ekplain.
The data represented by Figure 9 all were taken at some con-
stant CO, flow rate. It has been shown that gas equilibria
involving graphite are sufficiently slowly attained that a
flow rate voltage dependency could be observed. As tempera-
ture is raised, such equilibria would be established more
and more rapidly at any constant flow rate. The incoming
electrode gas was freed from oxygen by passage through a gas
train which included heated tubes of Cu and CuO. The equi-
librium partial pressure of oxygen over CuO at 500° is
several orders of magnitude greater than the equilibrium
pressure at a graphite-WO3 interface. Therefore, to the ex-
tent that the latter partial pressure equilibrium remained
unestablished, cell voltage would be below the expected
value. As the temperature of the electrochemical cell Qas
increased, the partial pressure of oxygen would more nearly
appfoach the calculated value, and cell voltage would in-
crease. Since WO3 activity was not unity, cell voltages
greater than those shown by Figure 11 were not surprising.

Further examination of the ideas just presented awaits
a gas purification train capable of providing electrode gas
of a lower oxygen content,

An alternate mechanism can be proposed to explain the
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deviations of cell voltages from the theoretical values.
This mechanism does not necessarily presuppose reversibility
of electrodes; indeed, it rejects the idea. Let it be as-
sumed that graphite reacts with the melt to form a very thin
layer of tungsten bronze at the graphite-melt interface ac-
cording to an equation such as
2xNa® + 2w'o4= + C —= 2Na,WO3 + CO, + (4-2x)e~

where X is a number less than one., The value of x undoubted-~
ly is influenced by the WO3:Na,WO4 ratio of the melt in the
immediate electrode vicinity and probably also is affected
by the kinetics of bronze formation. Tungsten bronzes aré
insoluble in tungstate melts, and presumably would remove
graphite from a potential-determining role. A secondary cell
then would exist, with emf determined by the composition of
the tungsten bronze.

Passage of current £hrough such a cell would electro-
chemically reoxidize Na,WO; to Na,WO,, whereupon a ne& bronze
layer would be formed. The complete cell is describable by

the sequence of reactions

2xNa® + 2WO,™ + C —= 2NayWO, + COp + (4-2x)e”

_ at anode
2Na,Wo3 + 2[0%] —» 2xNa* + 2W0,™ + 2xe-

4e” + 05 —» 2[07] at cathode

C + 0y -—= COjp net cell reaction

Unfortunately, there is insufficient thermodynamic data

available on tungsten bronzes to discuss further the merits of
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this proposal in terms of the-experimental data which were

obtained.
Electrode Overpotential

overpotential of an electrochemical cell may be defined

by the equation
N1 = Ep - By

where

N = overpotential at current I

Eyr = cell voltage at current I

Er = reversible cell voltage at zero current.
One may investigate the overpotential of a single electrode
by following the cell current dependence of the voltage be-
tween the electrode under study and a "dead" or reference
electrode. Often:the current density at an electrode surface
is of more fundamental importance than is the total cell
current., The design of the elect?odes employed in the present
work precluded knowing current densities; however, tﬁe as-
sumption was made that current density was directly propor-
tional to total current.

Electfode overpotential may be defined further by the
equation

N="o+ M+ TNc

wheré

No = ohmic overpotential
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Na = activation overpotential
Mc = concentration overpotential.

Ohmic overpotential arises from electrical resistance
of the cell and is linearly proportional to cell current
(Ohm's law)., In the absence of oxide or similar films at the
electrode surface, TNp is usually small in fused salt systems
at all but very large current densities. Ohmic overpotential
was measured by means of high speed photography of an oscil-
loscope screen. The trace was photographed while cell cur-
rent was on, then again several microseconds to several
milliseconds after current was switched off. Cell resistance
could be computed from the displacement of the trace. Re-
sistances were well under 10 ohms,

Activation overpotential arises from tﬁe energy barrier
of a rate-controlling step involved in the cell reaction.
Activation overpotential usually obeys the so-called Tafel
equation

Ma =a + b log I
where a and b are experimentally and theoretically derivable
constants,

Concentration overpotential arises from concentration
gradients of the electrochemically active species in the im-
mediate vicinity of the electrode. Equations describing Tc
are presented below,

The type of overpotential experienced by an electrode
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may often be identified not only by its current dependence,
but also by the manner in which it decays when current is
switched off. Ohmic overpotential decays instantaneously.
Activation overpotential decays exponentially in time. Con-
centration overpotential decays slowly and in a complex man-
ner.

Of the many discussions in the literature which are con-
cerned with overpotential, only three will be cited here.
Glasstone (8) and Kortum and Bockris (77) have presented
general treatments of overpotential; Agar and Bowden (78)
gave a detailed presentation of concentration overpotential.

If the electrochemically active ionic species is not
carrying an appreciable fraction of the cell current, and if
the active species is diffusing towérd the electrode under

study, it easily may be shown that

- RT

1
n =22 L

In (1 - =
Ip

where
R = the gas constant
T = absolute temperature
n = number of electrons transferred to or from the
electrochemically active species
F = the faraday

I = cell current

lHereafter, Ne will be denoted simply as 1.



78

I, =a constant: the "limiting" cell current.

If the active ionic species is diffusing away from thevelec-
trode, the logarithmic term becomes 1n(l + I/Iz). Both
platinum and graphite electrodes, immersed in tungstate melts,
were anodically and cathodically polarized., In all four
instances, the equations of concentration overpotential were
obeyed.

Typical anodic and cathodic polarization curves for a
platinum, oxygen electrode are shown in Figure 12.1 Both
curves, and their relative magnitudes, are of the form pre-
dicted by the equations for concentration overpotential.
They apparently correspond to an ionic species moving toward
a platinum cathode and away from a platinum anode. As the
cathodic overpotential became large, a second reaction ap-
parently came into prominence. One and sometimes two ad-
ditional reactions were detectable at even higher over-
potentials. None of the subsidiary electrode procesées were
studied.

The data were analysed by converting the concentration

overpotential equations to the form

nE7
e RT =]_+L
_Iz

lExcept as otherwise indicated, all experiments dis-
cussed below were performed in 85 weight % NasWO4, 15 weight
% WO3.
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and constructing graphs of the exponential function vs. cell
current. Any given set of data was assigned the values
n=1, 2, 3, 4. That value of n for which a straight line
was obtained was assumed to be the number of electrons
transferred in the rate-determining process. The number of
electrons transferred was clearly one for the cathodic
process. The anodic polarization curves were less sensitive
to the value of n, but unity was strongly indicated. 1In
view of the high operating temperatures of the cell, a value
of one for n was not surprising. Indeed, a number less

than three reasonably would be anticipaﬁed.

Some representative curves for the analysis of platinum
cathodic polarization are presented in Figure 13. The
temperature dependence of Iy was nearly linear. At a given
temperature Iy for the anodic process always was slightly
larger than Iy for the cathodic process. For both types of
polarization, data taken from the same cell were reproducible
to within about 5%.

A brief study was made of the effect of melt composition
on platinum polarization. The data are shown in Table 7.

No interpretation of the data is offered.

It is of interest to compare the present results for
platinum overpotential with the work of others. The only
cathodic study amenable to quantitative treatment is that

of Agar and Bowden (69). They attributed their overpotential
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Table 7. Dependence of platinum electrode limiting current on
melt composition

Melt composition, wt. %

Type of Tempera- ‘Iyg,
polariza- ture Na,WoO WO,
tion °K Ha 274

cathodic 1105 ca. 560 100 0
cathodic 1106 1160 89.8 10,2
cathodic 1106 1240 80.0 20,0
cathodic 1106 1100 60.0 40.0
anodic 1105 660 100 , 0
anodic 1106 1285 89.8 : 10.2
anodic 1106 1290 80.0 20.0
anodic 1106 1130 60.0 40,0

data to concentration polarization. Anodic polarization was
studied by Flood and Porland (62) , Karpatscheff and Patzug
(73), and Janz and Colom (59). These workers all explained
their data in terms of activation overpotential.
The Tafel equation
Ma =a+blogI

can be rewritten in the form

= RT j, I
a anF In Io

where I, is a constant, a is a symmetry coefficient (often on
the order of 0.5), and the other symbols have their usual
significance (8). Janz and Colom (59) and Flood and Forland
(62) let a = 0.5 and n = 2. Their equation then waslreduced

to the form

Note that the anodic concentration overpotential equation
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assumed in the present research takes on the same form at suf-

ficiently large values of cell current, i.e.,

e

RT 1n _Z_,
F IE

We

The data obtéined on graphite electrode polarization
were much more difficult to interpret than were the cor-
responding platinum results, There were several reasons for
this. Perhaps the most serious difficulty arose from the non-
reproducibility of ;esults from day to day, or even hour to
hour. The graphite data were considerably more variable than
were the platinum data. This variability was all the more
troublesome in view of the generally smaller magnitudes of
overpotential of graphite than of platinum,

At any given cell current, graphite overpotentials were
quite slow in reaching stable values. The rate of attainment
of stability was not strongly temperature dependent, however,
short term voltage fluctuations became serious at temperatures
in excess of about 900°. These fluctuations introduced fur-
ther uncertainty in the data. Overpotentials were recorded
three minutes after setting each new cell current value,

When current either was increased from a prior value or
simply switched on, T reached abcut 90% of its ultimate value
for that particular current in three minutes. Similar

behavior was noted when current was reduced or switched off.

Representative graphite polarization curves are shown
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in Figure 14. It is evident from inspection of these curves
that, at least in the cell current range illustrated, the
overvoltages do not suddenly increase without limit. Such be-
havior would be demanded by the concentration overpotential
equation which is derived for the case of a poteatial-deter-
mining ion diffusing in toward the electrode.

A series of runs was made at various temperatures in
which very high cell currents were employad., No apparent
breaks or discontinuities in the anodic curves were observed
at cell currents up to 310 milliamperes. Some of the cathodic
curves displayed breaks at cell currents on the order of
5 milliamperes. Tungsten bronze crystals were formed on
graphite cathodes under high current conditions. Even at
cell currents up to 310 ma (anodic polarization) the Tafel
equation was not obeyed.

- Data were analyzed in much the same fashion as were the
platinum polarization results. Values of n were chosen such
that a plot of exponential (nFT/RT) vs. I gave a straight
line. The anodic overpotential data for graphite obeyed the
equation

N = 1;,—Tm (1+I—I£).
The cathodic polarization results also fit the same equation,
providing absolute values of T were uéed. That is, unlike

for the platinum data, negative overvoltages did not lead to

linear plots. Such behavior can be justified by the
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assumption that outward diffusing species were responsible
for both anodic and cathodic polarization.

Two typical sets of polarization data are presented in
Figure 15 in a manner designed to illustrate the closeness
of agreement of experimental points with the calculated equa-
tions. Table 8 compares the anodic and cathodic limiting
currents at two temperatures. The temperature dependence of
anodic limiting current is indicated in Table 9. The effect
of melt composition on graphite limiting current was studied
briefly. The results are given in Table 10,

The rate of decay of anodic overpotential of graphite
was followed with an X-Y recorder. Rates were measured at
various temperatures and cell currents, and found to be
neither linear nor logarithmic with respect to time.

Table 8. Graphite polarization limiting currents

Type of Temperature, Ip,
polarization °K pa
anodic ' 1041 785; 14402
anodic 1108 2900
cathodic 1041 525
cathodic 1101 2050

aAt lower temperatures, a sharp break always was ob-
served in plots of exponential (nFT)/RT) vs. I for the anodic
data. The curve on either side of the break always was
linear,
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Table 9. Temperature dependence of graphite anodic limiting

current
Temperature, Iz,a
°K
p_a.
975 330; 575°
‘1048 665; 1065P
1113 2065
1175 4125
a
fol in Iz

-1
3t = ,0105 deg .

bSee footnote in Table 8.

Table 10. Dependehce of graphite electrode limiting current
on melt composition

Type of
polariza- Tempera- Ig5 Melt composition, wt. %
tion ture, °K pa Na WOy WO3
anodic 1110 750 100 0
anodic 1110 1592 89.2 10.2
anodic 1110 1800 80.2 19.8
anodic 1110 2586 60.0 40.0
cathodic . 1110 765 100 0
cathodic 1110 820 89.2 10.2
cathodic 1110 1074 80.2 19.8
cathodic 1110 2757 60.0 40.0

Published information on graphite anodic polarization in
oxy-anionic melts is extremely limited. With the exception of
one study with the melt KCl-NaCl-NajSO4 (79), all investiga-
tions have been made with cryolite-Al;03 melts. In such melts

the overpotential-current relationship is complex and
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apparently consists of three distinct regions as current
density is increased from zero to 0.3 amp cr—2 (80,81,82).
At low currents (< 0.l amp cm‘z) Karpachev, Rempel', and
Iordan (83) reported overpotential to follow the Tafel equa-
tion. The workers cited above and others (50,84,85) also
have reported that the final overpotential reached at any
given cell current was attained slowly. The low current
results generally have been interpreted as arising from the
formation of surface oxides of graphite. Once the surface
oxides are formed, bond rearrangements occur and eventually
CO, and CO are desorbed. The slowness of bond reformation
and gas evolution are proposed to be the cause of anodic
overpotential.

The nature of the oxygen-containing ions in cryolite-
alumina melts is uncertain. It does not follow necessarily
that graphite anodes would behave in other oxy-melts in the
same fashion as they do in alumina systems, although Rempel'
(79) did invoke a carbon sub-oxide mechanism to explain his
KCl-NaCl-NaZSO4 results. As has been stated previously, the
concentration overpotential equations assumed in the present
research was of the same form as the Tafel overpotential
equation. The latter equation would be obeyed if some acti-
vated process (such as formation and desorption of CO, or CQ)

were to be postulated.

Further study of graphite anodic polarization in a vari-
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ety of oxy-anionic melts is warranted. These investigations
become especially pertinent for work directed toward the

development of useful carbon fuel cells.



91
éUMMARY

An electrochemical cell was developed wherein graphite
and oxygen were consumed and carbon dioxide and carbon
monoxide were formed at the electrodes. The cell consisted
of a reversible platinum, oxygen cathode, a graphite anode,
and an oxy-anionic electrolyte of fused Na2WO4-WO3 mixture,

Very nearly the thermodynamically calculable cell
voltages were observed in preliminary experiments involving
Najs;B409-B203 melts. Voltages in tungstate melts were ap-
proximately 20% lower. It was postulated that the low re-
sults arose from reduction or dissociation of the melt. Two
mechanisms were suggested which would predict low voltages.
One mechanism invoked tungsten broﬁze formation at the
graphite-melt interface and the creation thereby of a
secondary cell. The other mechanism assumed the existence
of an oxygen concentration cell with the graphite electrode
oxygen pressure governed by dissociation of the melt.

Anodic and cathodic overvoltages developed at each
electrode were studied. The platinum, oxygen electrode was
found to exhibit concentration overpotential when it func-
tioned either as an anode or as a cathode. Behavior of the
graphite electrode was difficult to interpret. The data
satisfied equations for concentration overpotential if it was
assumed that the electrochemically active speciz2s involved

for both anodic and cathodic processes were diffusing away
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from the electfode. Other workers have proposed that anodic
polarization arises from an activated process involving the
formation of surface oxides of carbon. The data obtained in
the present research did not permit a choice between the two
proposed mechanisms.

In all four cases of electrode polarization which were
studied, the number of electrons transferred in the rate-

determining step was one.
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