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ABSTRACT

The nickel(II)/nickel couple, contained in a boron nitride com-
partment, was shown to be a useful reference electrode in fluoride melts.
From emf measurements on nickel(II)/nickel concentration cells, the
nickel(II)/nickel couple was shown to obey the Nernst equation in molten

LiF-NaF~-KF (46.5-11.5-42.0 mole per cent) and LiF-BeF -ZrF4 (65.6-29 .4~

2
5.0 mole per cent). It was found that in some cases the reference elec-
trode had a significant junction potential across the boron nitride wall.

Kinetics of the charge transfer reaction Ni(II) + 2e = Ni were
investigated by the voltage-step method. Apparent adsorption of
nickel(II) at the microelectrode surface complicated the interpretation
of the data.

Employing the nickel(II)/nickel reference electrode as one half-
cell, several standard electrode potentials were determined from emf
measurements on galvanic cells. The standard electrode potential of
the nickel(II)/nickel couple was arbitrarily set at 0,000 V., The fol-
-ZrF

lowing values were determined in LiF-BeF at 500°: beryllium(II)/

2 4
beryllium, -2.120 V; zirconium(IV)/zirconium, -1.742 V; uranium(IV)/
uranium(III), -1.480 V; chromium(II)/chromium, -0.701 V; chromium(III)/
chromium(II), -0.514 V; iron(II)/iron, -0.410 V; nickel(II)/nickel,

0.000 V; iron(III)/iron(II), 0.166 V. The following values were deter-
mined in LiF-NaF-KF at 500°: iron(II)/iron, -0.390 V; iron(III)/iron(II),

-0.200 V; nickel(II)/nickel, 0.000 V.

iv



A simple voltammetric method was developed for the determination
of high U(IV)/U(III) ratios. The method involves the measurement of
the equilibrium potential of the melt with respect to the voltammetric
equivalent of the standard electrode potential, the polarographic El/Z’
of the uranium(IV)/uranium(III) couple.
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CHAPTER 1
INTRODUCTION

Electrode potentials give a direct measure of the thermodynamic
stability of electroactive species relative to one another in a given
solvent and provide information useful in electroanalytical chemistry.
This dissertation deals with electrochemical measurements in molten
fluorides. Interest in molten fluorides stems from their importance in
nuclear reactor technology, production of aluminum and fluorine, and the
electrodeposition of refractory metals. Only a small number of electrode
potentials have been measured in molten fluorides when compared to the
large amount of data available in molten chlorides. Summaries of elec-
trode potentials in molten salt solvents are available in recent re-
views.l-3

The work of Laitinen and Liu4 represents the determination of a
rather comprehensive emf series in a molten salt solvent, in this case
a LiCl1-KCl eutectic at 450°. Concentrations of the soluble electrode
species were varied from about 0.001 to 0.5 molar in the bulk of the
melt, and the cell emf's were measured versus a 0.0l to 0.1 molar plat-
inum(II)/platinum reference electrode contained in a glass tube with a
fritted bottom. Standard (or formal) electrode potentials were obtained
by extrapolating the cell emf's by means of the Nernst equation to the
hypothetical one molar solutions for both the reference electrode and the
indicator electrode. In reporting the electrode potentials, the poten-
tial of a one molar platinum(II)/platinum reference electrode was

1



2
arbitrarily set at 0.00 V. A similar investigation in molten fluorides

should provide much useful information.

A. REVIEW OF THE LITERATURE

1. Reference Electrodes in Molten Fluorides

A reference electrode i1s required for the measurement of electrode
potentials. Such an electrode should be stable and reproducible. The
incompatibility of many common materials (for example, glass, quartz and
alumina) with the fluoride environment has presented experimenters with
many difficulties in the design of a practical reference electrode. Re-
views are availlable on reference electrodes in molten salts including
fluorides.l’3’5

Since chlorine/chloride, bromine/bromide and iodine/iodide ref-
erence electrodes have been used successfully in their respective melts,6
it might be expected that the fluorine/fluoride couple could be developed
into a reference electrode in fluoride melts. Simons and Hildebrand7
attempted to use such an electrode in mo;ten potassium hydrogen fluoride.
A graphite rod immersed in the melt was anodized to saturate it and the
melt with fluorine; however, on cessation of electrolysis, the potential
decreased rapidly. Under similar conditions, Arvia and deCusminskys’9
have obtained a reproducible emf of 1.75 V for the cell C/F2, HFZ_//HF,
H2/Cu in potassium hydrogen fluoride at 250°; this emf was stable for at
least several minutes.

Dirian, Romberger and Baes10 have shown the reversibility of a

hydrogen fluoride/hydrogen electrode in molten LiF-BeF2 (66-34 mole per

cent), and Hitch and Baes1l have employed a similar reference electrode
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in the determination of beryllium(II) activity in LiF-BeF, mixtures. The
electrode consisted of a palladium tube immersed in the melt and bathed
with a hydrogen fluoride-hydrogen mixture. A boron nitride or graphite
compartment separated the electrode from the bulk of the melt. Ionic
contact was made through a 3/32 in. hole in the bottom of the compartment.
The potential of the electrode responded to changes in the partial pres-
sures of hydrogen and hydrogen fluoride as predicted by the Nernst equa-
tion. Difficulties involved with handling gas electrodes at high tempera-
tures make the fluorine/fluoride and hydrogen fluoride/hydrogen couples
undesirable as practicél reference electrodes.

A two compartment silver chloride/silver reference electrode was
designed by Coriou, Dirian and Hure12 for use in molten fluorides. The
inner compartment consisted of a quartz tube closed at the bottom with
a zirconium oxide-asbestos cement plug; it contained a silver wire im-
mersed in molten silver chloride. The outer compartment was a graphite
tube with a threaded graphite plug at the bottom; it contained the inner
compartment immersed in sodium chloride. Ionic contact between the two
compartments was provided by the zirconium oxide-asbestos plug. Fused
salt that penetrated the threads of the graphite plug provided ionic con-
tact between the outer compartment and the bulk of the melt. Disadvan-
tages of this electrode are complexity of design and probable inclusion
of two significant junction potentials in the measured emf.

Winand and Chaudron13 have also employed a silver chloride/silver
electrode in a fluoride melt. In this case a boron nitride compartment
with a sodium borate plug in the side, to provide 1onic contact with the

bulk of the melt, contained a silver wire immersed in a AgCl-NaCl mixture.



4
In light of the present work, the use of the sodium borate plug appears
unnecessary to provide ionic contact between the half-cells.

Pizzini and Morlotti14 have employed a solid galvanic half-cell,
nickel oxide/nickel, as an external reference electrode for overvoltage
measurements in LiF-NaF-KF (46.5-11.5-42.0 mole per cent) at 600°. A
sintered wall of zirconium oxide doped with calcium oxide, an ionic con-
ductor at high temperatures, provided the necessary ionic contact between
the reference half-cell and the bulk of the melt. Overvoltage measurements
were made versus a platinum or nickel wire probe immersed in the melt; the
potential of the probe was measured with respect to the reference elec-
trode by means of a high impedance measuring device. Apparently the ref-
erence electrode was so easily polarized that direct measurement of poten-
tials with respect to it was not possible.

Emf measurements in molten NaF-KF (40-60 mole per cent) at 850°
were made by Grjot:heim15 employing a nickel(II)/nickel reference electrode.
The electrode consisted of a nickel wire immersed in a solution of nickel
fluoride in the solvent salt and contained in a platinum crucible. Ionic
contact with the bulk of the melt was made by means of a sintered alumina
salt bridge connecting the two half-cells. The salt bridge was prepared
by dipping the sintered alumina rod into an aqueous solution of the sol-
vent salt and drying it before use. The rod was readily attacked by the
fluoride melt; therefore, it was mounted so that it could be removed from
the melt when measurements were not being made. Senderoff, Mellors and
Reinhart16 have used a nickel(II)/nickel reference electrode, very similar
to that employed by Grjotheim, for chronopotentiometric measurements in

molten LiF-NaF-KF (46.5-11.5-42.0 mole per cent). On long contact with
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the melt, corrosion of the alumina bridge introduced impurities, thought

to be iron and aluminum, into the melt.

2. Electrode Potentials in Molten Fluorides

Table I summarizes the data presently available from measurements,
estimates and calculations of electrode potentials in molten fluoride
solvents for cation electrodes, the hydrogen fluoride/hydrogen electrode
and the fluorine/fluoride electrode. For the sake of comparison, all the
values cited in Table I are given with respect to the nickel(II)/nickel
electrode. The results cited in Table I are discussed briefly below.

Only two groups have obtained emf data from measurements on galvanic
cells, Grjotheim15 has measured the potentials of several metal ion/metal
electrodes in NaF-KF (40-60 mole per cent) at 850° (see column I of
Table I). However, questions have been raised regarding the oxidation
states of the chromium and iron ions in these measurements. Mellors and
Senderoff17 believe that the electrode couples were chromium(III)/chrom-
1ium(II) and iron(III)/iron(II) rather than chromium(III)/chromium and
iron(III)/iron as indicated by Grjotheim. Hitch and Baes11 have measured
the potential of a beryllium(II)/beryllium electrode versus a hydrogen
fluoride/hydrogen electrode in LiF—Ber (66-34 mole per cent).

Mellors and Senderoff17 have estimated the potentials of several
redox couples from chronopotentiograms obtained at solid indicator elec-
trodes in NaF-KF-LiF (46.5-11.5-42.0 mole per cent) at 750°., The poten-
tials were measured at one fourth of the transition time, Et/a; this poten-
tial is approximately the standard potential of the electrode reaction.
These values are given in column II of Table I with respect to a hypo-

thetical unit mole fraction nickel(II)/nickel reference electrode.



TABLE I

ELECTRODE POTENTIALS IN MOLTEN FLUORIDES

Redox couple I8 1Ib IIIC Ivd ve vif
Li(I) /L1 -0.628 -3.012 -2.29 -2.674
Ba(II) /Ba -2.17 -2.657
La(III)/La -2.68 -1.85 -2.518
Ce(III)/Ce -2.61 -1.86 =2.445
Sm(III)/Sm -2.48 -2.323
Na(I)/Na -1.188 -2.229
K(I)/K -0.968 -2.127
Th(IV)/Th -2.332 -1.95 -1.675
Be(II)/Be -2.211 -2.22 -1.517
Zr (IV) /z2r -1.772 -1.352
U(III)/U -1.838

u(Iv) /u -1.752 -1.7 =12327
U(IV) /U(III) -1.517

Al1(III)/Al -1.5 -1.7 -0.67 -0.977
Ta(Il)/Ta -1.46

Mn(II)/Mn -1.04 -0.66 -0.680
Cr(II)/Cr -1.33 -0.789 -0.510
Ta(V)/Ta(1II) -1.23

Nb(I)/Nb -1.23

Nb (IV) /Nb (I) -0.957

Cr(III)/Cr -0.70 -0.377
Cr(III)/Cr(II) -0.89 ORY2

Zn(II)/Zn -0.58 -0.375
Fe(I1)/Fe -0.715 -0.413 -0.204
HF/1/2H; -0.285

cd(II)/cd -0.40 -0.145
Nb (V) /Nb(IV) -0.31

Co(II)/Co -0.07 -0.14 -0.032
N1i(II)/Ni 0.00 0.00 0.00 0.00 0.00 0.000
Pb(II)/Pb -0.16 0.025
Fe(II1)/Fe -0.12 0.058
Fe(III)/Fe(II1) -0.41 0.58

Cu(l)/Cu 0.48

B1(III)/Bi 0.22 0. 348
Cu(Il)/Cu 0.684
Ag(1)/Ag 0.64 1.216

1/2Fy /F- 1.58 2.129 2.890




TABLE I (CONTINUED)

81n NaF-KF (40-60 mole per cent) at 850° (K. Grjotheim, Z. Physik.
Chem., N. F. 11, 150 (1957)).

bIn LiF-NaF-KF (46.5-11.5-42.0 mole per cent) at 750° (G. W.
Mellors and S. Senderoff in "Applications of Fundamental Thermodynamics
to Metallurgical Processes,'" G. R. Fitterer, Ed., Gordon and Breach,
New York, N. Y., 1967, pp. 81-103).

CFor five mole percent solutions in NaF at 1000° (Yu. K. Delimarskii
and F. F. Grigorenko, Ukr. Khim. Zh., 22, 726 (1956)).

dn LiF-BeF (66-34 mole per cent) at 500° (C. F. Baes, Jr., in
SM-66/60, '"Thermodynamics," Vol. I, IAEA, Vienna, 1966).

€In LiF-BeF (66-34 mole per cent ) at 600° (D. M. Moulton, W. F.
Teichert, W. K. R."Finnell, W. R. Grimes and J. H. Shaffer, U.S.A.E.C.
Report ORNL - 4229, 39 (1968)).

fFor solid fluorides at 500° (W. J. Hamer, M. S. Malmberg and
R. Rubin, J. Electrochem. Soc., 112, 750 (1965)).

8For pure fluorides at 1000° (Yu. K. Delimarskii and F. F.
Grigorenko, Ukr. Khim. Zh., 22, 726 (1956)).
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Electrode potentials may be estimated from the relative decomposi-
tion potentials of electrode couples in a common solvent. Delimarskii
and Grigorenko18 have reported decomposition potentials for pure sodium
fluoride, potassium fluoride, lithium fluoride and a number of five mole
per cent solutions of metal fluorides in sodium fluoride at 1000°. The
values given in column III of Table I are with respect to the decomposi-
tion potential of the five mole per cent nickel fluoride solution. The
values of the alkali metal fluorides are also included even though the
solvent effect is not the same. The decomposition potential values appear
to be too low when compared with estimates from free energles of forma-
tion.21 This general result was probably due to an anode reaction other
than the oxidation of the fluoride ion, such as the oxidation of the oxide
ion or the graphite (to form a CFx type product). Even if the anode reac-
tion was not the oxidation of the fluoride ion, only the potential assigned
to the fluorine/fluoride electrode would be in error if the anode reactions
were the same in all experiments. In several instances, the trend in elec-
trode potentials determined by this method differs significantly from that
generally observed in-Table I; therefore, it appears that the potential of
the anode reaction varied significantly between experiments.

Baes19 has calculated the potentials of several electrode couples
from thermodynamic data available for various iomns in LiF—BeF2 (66-34 mole
per cent). These values at 500° are given in column IV of Table I along
with the values of the beryllium (II)/beryllium and hydrogen fluoride/

11 The standard states for

hydrogen electrodes measured by Hitch and Baes.
the 1lithium, berryllium and fluoride ions are determined by the solvent
composition, and the standard states for the other solutes are the hypo-

thetical unit mole fraction solutions.
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Moulton, Teichert, Finnell, Grimes and Shaffer20 have also calcu-
lated several electrode potentials in LiF-BeF2 (66-34 mole per cent).
Calculations were based upon distribution equilibria data between the
melt and liquid bismuth. Since the potential of nickel(II)/nickel couple
was not calculated, the electrode potentials given in column V of Table I
are related to the potential of a hypothetical unit mole fraction
nickel(II)/nickel reference electrode by the beryllium(II)/beryllium po-
tential value given by Baes.19 The standard states of lithium and beryl-
1lium ions are determined by the solvent composition while the standard
states of the other solutes and metals (in liquid bismuth, except for
beryllium metal) are the hypothetical unit mole fraction solutions.

For the sake of comparison, theoretical electrode potentials for

21 These val-

solid fluorides at 500° are given in column VI of Table I.
ues were calculated for cells contailning a single fluoride salt from free
energies of formation; interactions between components were not consid-

ered.

3. Electrode Kinetics of the Nickel(ITI)/Nickel Couple in Molten Salts

Charge transfer rate constants have been shown to be generally fast
in molten salts.22 The a.c. impedance method and the relaxation methods
have been used for studying the kinetics of electrode reactions in molten
salts. The a.c. lmpedance method involves the measurement of the imped-
ance of the electrode to an alternating current of small amplitude. The
relaxation methods involve the displacement of the electrode from its
equilibrium potential by perturbation of one of the variables controlling
equilibrium, At present, only a small amount of data 1s available on

kinetics of electrode reactions in molten salts; no such data are
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available in molten fluorides. Two reviews have been published on elec-

Holl Since the nickel(II)/nickel couple

trode processes in molten salts.
is of importance in this work, previous studies of the kinetics of the
reaction Ni(II) + 2e = Ni in molten salts will be discussed.

The charge transfer reaction of the nickel(II)/nickel couple has
been studied in molten salts by three groups. Randles and White24 studied
the reaction Ni(II) + 2e + Hg = Ni(Hg) in a nitrate melt at 140° by the

3 &

a.c. impedance method. The rate constant was reported to be 4.2x10°
sec for an amalgam electrode and 6.2x10-3 cm/sec for a pure mercury elec-
trode. The transfer coefficient was found to be 0.41. The addition of
water to the melt caused a slight decrease in rate constant while the
addition of chloride ions caused a slight increase in rate constant.
Addition of bromide ions caused a large increase in rate constant.

Laitinen, Tischer and Roe25 have measured the charge transfer rate
constant for the nickel(II)/nickel couple in a molten KCl-LiCl eutectic
at 450° by the double pulse galvanostatic method. Values given for the
rate constant and transfer coefficient were 0.1 cm/sec and 0.25, respec-
tively.

Delimarskii, Shapoval and Gorodysk1126 have reported a series of
exchange current measurements on the nickel(II)/nickel couple obtained
by the a.c. impedance method. These values yileld a rate constant of

1.8x10-3 cm/sec and a transfer coefficient of 0.5 for the nickel(II)/

nickel couple in NaCl-KCl at 710°.
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B. REVIEW OF BASIC PRINCIPLES

1. Electrode Potentials

The equilibrium potential for a reversible redox couple, Ox/Red,

i1s given by the Nernst equation:

a g8 M e
Eeq = B° Hot1 o/aR 1)

where
E°® = standard potential of the electrode couple, volts

universal gas constant (8.315 joules mole"1 degree-l)

R =
F = faraday (96,487 coulombs)

T = absolute temperature

n = number of electrons involved in the electrode reaction
a, = activity of the oxidized form

ap = activity of the reduced form

If the reduced form, Red, 1s the metallic state, the equilibrium potential

for a metal ion/metal electrode is given by the expression:

o B A
Eeq =E° + ¢ 1ln agdn (2)

In dilute solutions a standard state is generally chosen such that the
activity coefficient of the solute approaches unity as the solution
approaches infinite dilution; therefore, the activity of the metal ion
can be closely approximated by the concentration of the metal ion,

[M+n]. Equation (2) can then be expressed as

e +n
Eeq—E + in [M ) (2a)
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Three concentration scales, molarity (M), molality (m) and mole
fraction (X), are widely employed for expressing concentrations in molten
salt solutions. Assuming that the number of moles of solute is negli-
gible compared to the number of moles of solvent and that the density of
the solution is approximately equal to that of the solvent, the three

concentration expressions are given by

B A
W, p
A ; 3
M = 10 (4)
WB (GFW)A
W
A 3
m. = et 0 (5)
WB (Gli‘W)A
where
WA = weight of solute, g
WB = weight of solvent, g

(GFW)A = gram formula weight of solute, g/mole
(EFTJ-)B = average gram formula weight of solvent, g/mole
p = density of solvent, g/ml
From equations (3), (4) and (5), molarity and molality can be expressed

in terms of the mole fraction:

M=—32 303 (6)
(GFW)
g CES (7
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At 500° the density of the LiF-BeF
27

2-ZrF4 (65.6=-29.4-5.0 mole per cent)

melt is 2.44 g/ml;“" the average gram formula weight is 39.2 g/mole.

Thus, for this melt

62.2X

=
]

25.5X

B
]

At 500° the density of the LiF-NaF-KF (46.5-11.5-42.0 mole per cent) melt
is 2.17 g/ml;28 the average gram formula weight is 41.3 g/mole. Thus,

for this melt

M = 52.6X

m = 24.2X

For the metal ion/metal couple, the relationships between the
standard electrode potentials for the standard states of the different
concentration scales, hypothetical unit mole fraction, unit molar and

unit molal solutions, are29

E{4=E;{+%ln Xy (8)
E° = E;( + I—I:% 1n x/m 9)

Substitution of equations (6) and (7) into the above expressions gives

3
B = B - &= 10 210 (8a)
GOl
3
B = B3 - B2 10 22 (9a)
(GFW) 5

For the case Ox + ne = Red, where both Ox and Red forms are soluble
species, the standard electrode potential is the same on any concentra-

tion scale since the standard state for both specles 1is the same.
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+2z +y
For two metal ion/metal couples with ions N ° and L 7, respec-
tively, the relationship for converting the relative standard electrode
potentials from the mole fraction concentration scale to the molarity

scale is given by
3

Bl By, 5B
o(N) = EL(L) = ES(N) = EX(L) + (£ - =) == 1n == (10)
By Ey X X y "z’ F @,

A similar relationship is readily derived from equation (9a) for con-
verting the relative standard electrode potentials from the mole frac-

tion to the molality concentration scale.

2, The Voltage-Step Method

The voltage-step method, a relaxation method for the study of fast
electrode reactions, was developed by Vielstich and Delahay30 as an
instrumental simplification of the potential-step method of Gerischer and

Vielstich.31

In this method, a small voltage step is applied rapidly to
a cell consisting of a microelectrode at its equilibrium potential and a
large non-polarizable counter electrode. The resulting current is meas-
ured as a function of time. Linear diffusion is assumed to be the sole
mode of mass transport. The overpotential n (the difference between the
actual potential and equilibrium potential) applied to the microelectrode

varies with current and is given by30

n=V+ :LRt (11)

where

<
]

applied voltage step, volts

(S
"

current, amperes (current is positive when V is

cathodic or negative)
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Rt = total circuit resistance, ohms

n = overpotential, volts

The kinetic parameters of the electrode reaction at the micro-
electrode are determined from the current-time curves that are recorded
on an oscilloscope. If the overpotential is much smaller than %%F-(a is
the transfer coefficient), the current-time relationship at sufficiently

short times can be approximated by23

-1 AV
1 AR+ RT/oF

2 tl/2) (12)

a-

io = exchange current density, amperes/cm

>
n

a time-independent parameter that involves the quanti-
ties in equation (12) as well as the concentrations

and diffusion coefficients of the electroactive species
t = time elapsed after the application of the voltage step,
sec

A = area of the microelectrode, cm2

This relationship, which indicates that current is a linear function of
tllz, holds for relatively short time intervals after the initiation of
electrolysis and is gradually superseded by a relationship involving
t-l/z which holds for pure diffusion control. Equation (12) applies only
to a simple one-step electrode process and neglects the charging of the
double layer. Charging of the double layer is usually accomplished
quickly, especially in molten salts where the cell resistances are low,

and, therefore, the charging current quickly becomes negligible in com-

parison to the faradaic current. The charging current ich is given by
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the expression for the charging of a capacitpr:25

y -t '
1. == exp(z——) (13)
ch Rt thdl

where C i1s the double layer capacitance in farads.

dl
Figure 1 shows a representative current-time curve obtained by
the voltage-step method. To determine the-exchange current density‘io,

the linear portion of the plot of current versus the square root of time,

Figure 2 1s extrapolated to zero time where it=o is given by

-ioAV
=0
ioARt + RT/nF

s
t

(14)

The exchange current density io is readily calculated from equation (14).

The use of an effective zero time, has been suggested by

Legs®
Laitinen, Tischer and Roe.25 Since initially the faradaic current is
zero (the double layer 1s being charged) and then rises to a maximum
before it decays linearly with the square root of time, equation (12) is
not valid to zero time. An empirical approximation of teff is made by
placing a vertical line on the current-time curve, Figure 1, such that
the area A enclosed to the left of the vertical line by the faradaic cur-
rent line is equal to the area B enclosed to the right of the wertical
line by the faradaic current line ;nd the extrapolated curfent line trans-
posed from Figure 2,

Oldham and Osteryoung,32 have made an analysis of the volpage-step

.method and showed that a plot of current versus the square root of time

is linear to within 10 per cent only over the region where

i> 0.7 1o
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or, when the current 1s extrapolated to te £ only where

f

i>0.71
Lefs

The exchange current density io is related to the concentration

of the oxidized species C0 for a metal ion/metal couple by the expres-

sion:23

l-a

s (15)

1 = aFk° C
(o]

where

C0 = concentration of the oxidized species in the bulk of
the solution, moles/cm3
k° = heterogeneous charge transfer rate constant at the

standard potential of the electrode couple Ox/Red,

cm/sec

The transfer coefficient 1s determined from the slope of a plot of log 10
versus log CO' The rate constant k° may then be calculated from equation

(15).

3. Linear Sweep Voltammetry

In linear sweep voltammetry, the potential of the working elec-
trode 1s varied linearly with time relative to the potential of the ref-
erence electrode. The resulting current, flowing between the working
electrode and the counter electrode, 1s measured as a function of poten-

tial. For the reversible electrode reaction

Ox + ne = Red
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where only the Ox form is present initially, both species are soluble,
and mass transfer takes place by semi-infinite linear diffusion, a repre-
sentative current-potential curve is shown in Figure 3. The peak cur-

rent ip is given by the relationship:33

1) = 0.452 %A pl/2 ¢ v}/? (16)
R T
where
D = diffusion coefficient of the reactant, cm2/§ec
C = bulk concentration of the reactant, moles/cm3
v = rate of potential scan, volts/séc'

The voltammetric equivalent of the standard electrode potential,
the polarographic half-wave potential E1/2’ is the potential at which the
concentrations of reactant and product are equal at the electrode sur-
face. El/2 corresponds to a potential on the voltammogram at which.the
current is equal to 83 per cent of ip (assuming only one species of the

redox couple is present :Lnitially).34
C. PROPOSED RESEARCH

This dissertation deals primarily with the measurement of elec-
trode potentials in molten fluorides. Such measurements require a prac-
tical reference electrode. The reference electtode chosen for this
investigation consists of the nickel (II)/nickel couple in a fluoride
melt, contained in a boron nitride compartment. .

The specific purposes of this dissertation are to

(a) demonstrate the utility of the above reference elec+

trode in molten fluorides
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(b)

(c)

21
obtain a measure of the'reversibility of -the reference
electrode couple, nickel(II)/nickel
determine the electrode potentials of several redox

couples in molten fluorides by emf measurements,



CHAPTER II
EXPERIMENTAL
A. MATERIALS

Two fluoride salt mixtures were used as solvents in this investi-
gation:
(1) lithium fluoride-sodium fluoride-potassium fluoride (46.5-
11.5-42.0 mole per cent, liquidus temperature 454°)28
(2) lithium flupride-beryllium fluoride-zirconium fluoride (65.6-
29.4-5.0 mole per cent, liquidus temperature 434°)27.
These two salt mixtures and the following anhydrous fluoride salts were
obtained from the Reactor Chemistry Division of the Oak Ridge National

35 nickel(II) fluoride, iron(II) fluoride, iron(III) fluoride,

Laboratory:
chromium(II) fluoride, chromium(III) fluoride and lithium fluoride-
uranium(IV) fluoride (73-27 mole per cent). None of these solute salts
received any further treatment; however, all were stored in an inert
atmosphere until theilr use..

Boron nitride used in the construction of the reference electrodes
was grade A or HP (Carborundum Co.). Machining of this material was per-
formed in an open atmosphere with regular metal cutting tools. The boron
nitride was kept in a desiccator containing anhydrous calcium chloride,

except for the time required for machining.

22
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B. APPARATUS

1. Drybox-Furnace System

A drybox-furnace combination, which provided an inert atmosphere
while allowing some freedom in the manipulation of electrodes and the
addition of reagents to the melt, was used in this investigation. A
photograph of this system is shown in Figure 4. A pot type furnace,
approximately five kilowatts heating capacity, was attached to the bot-
tom of the drybox. The bottom of the drybox was covered with water
cooled coils, and the coils were covered with a raised floor. A moisture
content of 10-20 parts per million (measured with a moisture monitor,
Beckman Hygromite Model-97) could be achieved in this system with the
continuous circulation of the helium cover gas through a moisture trap
(3 in. diameter, 10 in. high) containing 13X Molecular Sieve.

Molten salt was contained in a graphite cup (usually 3.5 in. inner
diameter, 5 in. high) held in a one liter borosilicate beaker in order to
insulate it from the furnace. Temperature was measured by a platinum/
platinum-rhodium (10 per cent) thermocouple immersed in the melt. An

on-off type temperature controller maintained the temperature to *2°,

2. Equipment for Emf Measurements

All emf measurements were made with a Moseley Autograph X-Y
recorder Model 2D-2A (input impedance one megohm). In most cases, meas-
urements were made directly with the X-Y recorder; however, in some cases,
in order to expand the recorder scales, the emf was first amplified using

a Keithley 600A electrometer.



Figure 4.

Photograph of the drybox-furnace

system.

we
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High purity nickel and iron wires, coiled several times on the end
to give a large surface area, were employed as indicator electrodes for
the nickel(II)/nickel couple and the iron(II)/iron couple, respectively.
The beryllium, zircopium and chromium indicator electrodes were con-
structed by attaching a threaded 1 to 1.5 in. long plece of the desired
metal to a long, 1/8 in. diameter nickel rod. An inert platinum elec-
trode consisted of a 2 in. long, 0.04 in. diameter platinum wire attached
by means of a weld to a 1/8 in. diameter nickel rod. The beryllium and
zirconium electrodes were cleaned with emory paper and rinsed in acetone.
The other electrodes were merely rinsed in acetone and distilled water
and dried.

The reference electrode design used in this study is shown in
Figure 5. It consisted of the nickel (II)/nickel couple in the fluoride
solvent contained in a boron nitride compartment. The compartment, which
was 0.5 in. outer diameter and about 3 in. high, had a wall thickness of
1/32 in. in the lower portion and 3/32 in. in the upper portion. A
threaded cap of boron nitride pinned to the nickel rod held the nickel

rod in place.

3. Equipment for Kinetic Measurements

The microelectrode used - in the kinetic measurements was a high
purity 0.005 in. diameter nickel wire immersed in the melt to give an
area of V0,01 to 0,02 cm2. A 0.032 in. diameter nickel wire, coiled
several times on the end, was used as the counter electrode.

Figure 6 shows the diagram of the voltage-step circuit used.
This circuit was essentially that employed by Laitinen, Tischer and

Roe.25 The desired voltage step was obtained from a voltage divider
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across a8 6 volt storage battery. The cgll was initially short cir-
cuited; the voltage step was then applied to the cell by switching
the mercury relay, a break-before-make type HGS 5015. The resulting
current was measured as a voltage.drop across a precision resistor.
The voltage drop across the resistor was fed into a Tektronix 1A7
plug-in, high gain differential amplifier with a 500 kHz band pass;
the voltage-time curves were recorded on a Tektronix 549 storage
oscilloscope and photographed with a Tektronix C-12 oscilloscope cam-

era on Polaroid type 42 (ASA 200 speed) film.

4., Equipment for Voltammetric Measurements

A controlled—potential voltammeter equipped with a differentiat-
ing circuit36 was employed for all voltammetric measurements. Current-
potential curves were recorded on a Moseley Autograph X-Y recorder
Model 2D-2A. Platinum wire (0.02 in. diameter), nickel wire (0.032
in. diameter) and pyrolytic graphite (0.10 cm diameter) working elec-
trodes were used with electrode areas of approximately 0.05 em?. The
metal wire electrodes were polished with 3/0 emory paper before use.

A 0.25 in, diameter graphite rod was employed as a counter electrode;

generally, a nickel(II)/nickel reference electrode contained in a

boron nitride compartment was used.
C. PROCEDURE

1, Emf Measurements

The graphite cup, borosilicate beaker and boron nitride sheath

were heated to 500° under vacuum, overnight in the drybox-furnace
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system. After the above pretreatment, the boron nitride compartment

was filled with the solvent salt containing a small amount of nickel(II)
fluoride, and approximately 300 grams of the solvent salt were placed

in the graphite cup. The cell was again heated to.500° under vacuum,
and the reference electrode immersed in the melt. After the resistance
of the boron nitride decreased to less than 10,000 ohms, the stability
of the reference electrode was established over a 24 to 48 hour period
before measurements were made with it. The cell assembly employed for
emf measurements is shown in Figure 7, in this case for a nickel(II)/
nickel concentration cell.

Voltammetric current-potential curves were recorded in each melt
and used to identify impurities and approximate thelr concentrations.
Removal of the common ion impurities, nickel(II), iron(II) and chrom-
ium(II), in the LiF-BeF,-ZrF, melt was accomplished by reduction with
zirconium metal immersed in the melt. In the LiF-NaF-KF melt, removal
of these impurities was accomplished by controlled potential pre-elec-
trolysis employing either a 0.25 in. diameter graphite rod or a platinum
gauze as the cathode.

In most cases, emf measurements were made as a function of con-
centration; the concentration of the solute species was varied by addi-
tion of the anhydrous .solute salt. It was established from stability
of emf measurements and from variations in ip on voltammograms that
homogeneity of solutions was attained by waiting about one hour between
additions and measurements; the melt was stirred periodically (either

manually or mechanically) during that time. Emf measurements were
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recorded over a 15 to 30 minute period to insure the stability of the
values. The uranium(III) concentration was varied by the controlled
reduction of uranium(IV) with a zirconium rod immersed in the melt.

Solute concentration was determined in most cases either by
Specprophotometric analysis of a sample taken at the time of the cor-
responding emf measurement (all analyses were performed by the General
Analyses iaboratory, Analytical Chemistry Divipion, tﬁe'Oak Ridge
National Laboratory? or from a voltammetric current-potential curve
recorded at the time of the corresponding emf measurement. The
uranium(III) and uranium(IV) concentrations were determined from
spectrophotometric analysis of molten salt samples faken in graphite

windowless cells.37

These meaaurementg were made by Dr. J. P. Young
of the Analytical Chemistry Division of the Oak Ridge National Labora-
tory. Each sample was allowed to solidify and transferred to a heated

spectrophotometric facility. The complete operation was performed

without exposing the sample to the atmosphere.

2.  Voltage-Step Measurements

The performance of the voltage-step circuit was verified on a
"dummy' cell, a 0.47 uF capacitor (20 per cent tolerance) in series with
a 5 ohm precision resistor. The experimentally determined value of the
resistor was.5.1 ohms (including the circuit resistance), and the experi-
mentally determined value of the capacitor was 0.45 uF. Pretreatment of
vthe molten salt was the same as that employed in emf measurements. The
distance between the microelectrode and the counter electrode was less

than 1 cm in all experiments,



32

The total resistance of the circuit and the electrode double
layer capacitance were determined by means of equation (13), page 16
from a current-time curves obtained in a blank solution. Current-
time curves were obtained as a function of the nickel(II) concentra-
tion by making additions of anhydrous nickel(II) fluoride; concentra-
tions were determined spectrophotometrically on samples taken after
recording each current-time curve.

Measurements were generally made across a 1 ohm precision resis-
tor and recorded on the oscilloscope using the sensitivity of 0.2 mV/cm
and at a sweep rate of 10 usec/cm. The current-time curves were photo-
graphed, enlarged approximately 2.5 times and traced onto graph paper

for the determination of exchange current densities.



CHAPTER III
RESULTS AND DISCUSSION
A, EMF MEASUREMENTS ON THE NICKEL(II)/NICKEL COUPLE

l. Considerations for a Reference Electrode
The nickel(II)/nickel couple was chosen as the electrode couple
for a reference electrode for several reasons. Nickel exhibits 6nly
one stable oxidation state in fluoride solutions, nickel(II). The
nickel(II)/nickel couple is rather noble, and its potential is approxi-
mately in the middle of the potential range in alkali metal fluorides
(column VI of Table I, page 6). In addition, this couple has been
employed préviously by other investigators as a reference electrode
in fluoride aolvents.ls’16
A boron nitride compartment was chosen to isolate the nickel(II)/
nickel reference couple from the bulk of the melt. Although boron

0 ohm-cm at 500°,38 its

nitride has a resistivity of about 2.3x10l
electrical conductivity increases as it becomes impregnated with the
molten fluoride salt. Therefore, this arrangement should provide

ionic contact between the reference couple and the bulk of the melt

while limiting diffusion between the half-cells.

2, Nernstian Reversibility Measurements
The applicability of the Nernst equation to the nickel(II)/
nickel couple was investigated in the two solvent salts using the

33
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following concentration cell:
boron
Ni/Ni(II) (aj = constant)//nitride//N1(II) (aj)/Ni
sheath

The activity of the nickel(II) in the boron nitride compartment, aj,

was constant. Thus, the emf of the cell is given by the expression:

E In az/a; + E4 a7

. Rr
cell nF
where Ey is the junction potential across the boron nitride wall
separating the two half-cells. Assuming any junction potential at

a given temperature and the activity coefficient over the concentra-

tion range studied (approximately 10‘4 to 10_3 mole fraction) to be

constant, the cell emf is given by the expression:

RT
Ecell nF

where X; is the mole fraction of nickel(II) in the bulk of the melt.

1n X, + constant (17a)

Plots of E 1 versus log X9 are shown in Figure 8 for measure-

cel

ments made in LiF-NaF-KF (A) and in LiF-BeF,-ZrF; (B). These results

are summarized in Table II. The lines drawn through the data points

2.3 RT

F of 0.078 (A) and 0.077 (B) as

have the theoretical slopes,

given by the Nernst equation.

3. Performance of the Reference Electrode

The wetting characteristics of the boron nitride compartments
in the two solvents were found to be quite different. In LiF-NaF-KF,
the boron nitride compartment was penetrated by the melt rather
quickly; resistance decreased to less than 1000 ohms in approxi-
mately 24 to 48 hours at 500°. In LiF-BeF2-ZrF4, usually 10 to 14 days

were required for the resistance to decrease to less than 10,000 ohms
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Figure 8. Nernstian plots for the nickel(II)/nickel couple: (A) in

LiF-NaF-KF at 517°, (B) in LiF-Ber—ZrF4 at 507°.



TABLE II

SUMMARY OF EMF MEASUREMENTS ON
NICKEL(II)/NICKEL COUPLE

THE

36

(NA1(ID) ], Eref-EN{1(II)/Ni,

mole fraction volts

i R -0.0058
-4a

2.91 x 10 -0.0232
=%a

3.70 x 10 -0.0335
-4a

4,59 x 10 -0.0411
-4b

3.39 x 10 -0.0223
-4b

4.62 x 10 -0.0302
-4b

5.83 x 10 -0.0395
-4b

7.46 x 10 -0.0479
-4b

8.72 x 10 -0.0556

aIn LiF-NaF-KF at 517°.

PIn LiF-BeFp-ZrF, at 507°.
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at 500°. Since boron nitride compartments which were not pretreated to
remove adsorbed moisture wet quickly in both solvents, the wetting ability
of the two solvents appears to be related to the free oxide content of
the melt.

Measurements in LiF-BeF7-ZrF, indicated that in some cases a
significant junction potential existed across the boron nitride wall
and that this potential was temperature dependent. These measurements
wefé made with the same nickel(II) concentration inside the boron
nitride compartment and in the bulk of the melt. Under these circum-
stances, the cell emf as given by equation (17), page 34, is

Baail 7%

For a nickel(II) concentration of ~ 8.9 x 10_5 mole fraction, the
potential of the reference electrode at 500° was about 25 mV anodic

to the nickel(II)/nickel electrode in the bulk of the melt. In

another instance, for a nickel(II) concentration of ~ 8.0 x 10-4 mole
fraction, the potential of the reference electrode at 500° was about
105 mV cathodic to the nickel(II)/nickel electrode in the bulk of the
melt. The junction potential of the latter cell changed from ~ 100 mV
to ~ 120 mV on increasing the temperature‘of the melt frbm4480° to
550°, From voltammetric measurements of the position of the nickel(II)
redﬁction wave with respect to tﬁe reference electrode in boron nitride
and another nickel(II)/nickel electrode in the bulk of the melt; it was
shown that the variation in the cell emf was caused by the variation in
the potential of the reference electrode, in other words, variation'of
the junction potential. It appears that the variations in junction

potential between reference electrodes contained in borom nitride are
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due to such factors .as atmospheric exposure, machining variations,
pretreatment and variations between batches of boron nitride.

In the cell described above (8.0x;'l.0_4 ﬁole.fraction nickel(II)
in both half-cells), the cell emf (in this case junction potential) was
stable over ‘a two week period at 0.11 + 0.01 V. The emf's of other
concentration cells at constant composition were also observed to
be reasonably stable for several days. In LiF-BeF,-ZrF, at 492°,
the emf was constant to within + 6 mV over a twelve day period; in
LiF-NaF-KF at 505°, the cell emf was stable to within + 3.mV over
an eleven day period.

Since emf measurements on a redox couple are usually made over
a period of a few days, it appears that a reference electrode isolated
in a boron nitride compartment is useful in spite of the inclusion of
an unpredictable junction potential. However, in order to relate
measured emf's to the common reference point, the standard electrode
potential of the nickel(II)/nickel couple.(standard state of nickel(II)
was taken to be the hypothetical unit mole fraction solution), it was
necessary in each experiment to measure the potential of the reference
electrode with respect to a nickel(II)/nickel electrode in the bulk of
the melt. Many of .the salts used in this investigation initially con-
tained a significant concentration of nickel(II), up to a 1x10_4 mole
fraction. In these cases, it was a simple matter to make an emf measure-
ment between the reference electrode and a nickel(II)/nickel electrode
in the bulk of the melt. By means of the Nernst equation, the potential

of the reference electrode was related to the standard electrode potential
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of the nickel(II)/nickel couple. In other instances, where the
nickel(II)/nickel couple was stable in the presence of the other
electroactive species, for example iron(II) and zirconium(IV), the
potential of the reference electrode was related to the potential of
a nickel(II)/nickel electrode after emf measurements had been made
between the reference electrode and the other couple. This was done
by varying the nickel(II) concentration in the bulk of the melt and
measuring the emf between the nickel(II)/nickel electrode and the
reference electrode employed in the previous measurements. Again
the potential of the reference electrode was related to the standard
electrode potential of the nickel(II)/nickel couple by the Nernst

equation.

B. - KINETIC MEASUREMENTS ON THE NICKEL(II)/NICKEL COUPLE

Since the nickel(II)/nickel couple was employed as the elec-
trode couple in a reference electrode, it was desirable to obtain a
quantitative measure of the reversibility of the charge transfer
reaction
Ni(II) + 2e = Ni
The voltage-step method was chosen for this investigation due to the

simplicity of the required instrumentation.

1. Measurement of Circuit Resistance and Double Layer Capacitance

The total circuit resistance Ry and the double layer capaci-

tance C4y; were determined from current-time curves obtained in a blank
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solution. Such current-time curves represent only the charging of the
double layer capacitance; the current-time relationship is given by
equation (13), page 16, Figure 9 shows two such curves obtained in
LiF-BeFy-ZrF, at 500° for different voltage steps, (area of nickel wire
miroelectrode = 0.022 cmz). Figure 10 shows the data from Figure 9
plotted as log 1 versus time. Values of Ry were calculated by extra-

polating the lines in Figure 10 to zero time where

Voltage step

it:-!-O

Rt=

Both lines yield a value of 7.34 ohms for R,. This value included a
5.00 ohm measuring resistor in the circuit; therefore, neglecting other
circuit resistance, the cell resistance was 2.34 ohms.

The double layer capacitance was calculated from the slope of

the lines in Figure 10 which 1is given by

Slope = -1/RyCq1
Cq1 was found to be 33.7 uF/cm2, In preliminary experiments, the
nickel microelectrode consisted of a nickel wire sheathed with boron
nitride so that only the end cross section was exposed to the melt.
With this type of microelectrode, double layer capacitance was observed
to be much greater than without the sheath, » 100 to 200 yF/cm2. Appar-
ently the presence of the boron nitride sheath enhances adsorption at
the electrode surface which increases the value of the double layer

capacitance.
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Figure 9. Charging current-time curves obtained by the voltage-step
method,in.LiE-BeEerrFA at 500°.
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2, Determination of the Kinetic Parameters

Figure 11 shows two of the current-time curves obtained in solu-
tions of nickel(II) in LiF-BeFy-ZrF, at 500° (area of nickel wire micro-
electrode = 0.022 cmz). A comparison of these current-time curves
(R = 3.34 ohms including a 1.00 ohm measuring resistor) with the
double layer charging curves in Figure 9, page 41, (R, = 7.34 ohms
including a 5.00 ohm measuring resistor) indicates a large increase in
current at the short times. This increase in current indicates a signi-
ficant increase in.the apparent double layer capacitance which in turn
indicates the adsorption of nickel(II) at the microelectrode. It has
been shown that only a small amount of reactant adsorption is required
to produce a large increase in double layer capacitance. For example,
Timmer, Sluyters-Rehbach and Sluyters39 have observed a 40 pF/cm?
increase in apparent double layer capacitance for the thallium(I)/thal-
lium(mercury) couple under conditions where measurements have shown less
than 1 uC/cm? of thallium(I) is adsorbed.40

Matsuda and Delaheaa.yl‘1 have considered the problem of reactant
adsorption for the potentiostatic method; however, the separation of the
adsorption terms was found to be very difficult. Even in the presence
of reactant adsorption, an estimate of the charge transfer rate constant
by the application of the voltage-step theory for a simple one-step reac-
tion in the absence of reactant adsorption is formally possible.

Figure 12 shows a plot of i1 versus t1/2 for curves A and B from
Figure 11. Data points at the longer times, where the effect of the

charging current was least, were extrapolated to zero time for the
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evaluation of exchange current densities. The use of the effective
zero time suggested by Laitinen, Tischer and Roe25 could not be applied
since the value of the double layer capacitance apparently changed from
that determined in the blank solution. ' Likewise, the considerations:of
Oldham and Osteryoung32 were not taken into account due to apparent
adsorption of nickel(II).

Figure 13 shows a plot of the log i, versus the log [nickel(II)].
Exchange current values (see Table III) were determined for the two
voltage steps at each concentration of nickel(II). Since the data
points did not result in a good straight line, the range of the trans-
fer coefficient a was determined from the slopes of the lines drawn
through the extremes of the data points (lines A and B). From equation
(15), page 18, the slope of such a line is equal to l-a. This pro-
duced a range in.o of 0.32 to 0.55. The corresponding range in the
heterogeneous rate constant k°, calculated from equation (15), was
1.6x10_4 to 2.3x‘10-3 cm/sec. Approximately the same range in rate
constant was observed in LiF-NaF-KF at 500°.

Although a rate constant in the range determined for the
nickel(II)/nickel couple in this study may be considered to cor-
respond to a.reversible (or quasi-reversible) process provided the

33 it 1s considerably lower than rate constants for

current is small,
metal ion/metal couples in KC1-LiCl at 450°. A rate constant of 0.1
cm/sec was reported in that study for the nickel(II)/nickel couple.

However, Randles and Whit:e24 reborted a value of 4.2x10_3 cm/sec for

the nickel(II)/nickel couple in a nitrate melt at 140°, and Delimarskii,
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Figure 13. Plot of log [exchange current] versus log [nickel(II)].



TABLE III

SUMMARY OF EXCHANGE CURRENT DENSITY VALUES FOR THE
NICKEL(II)/NICKEL COUPLE IN LiF-BeFy-ZrF,

[N1i(II)], Voltage step, P ig,

moles/cm3 mV mA A/cm?
2.43 x 107° 4.61 0.170 0.064
2,43 % 1078 6.10 0.206 0.058
5.26 % 10°° 4.62 ‘ 0.309 0.131
5,26 x 10°° 5.64 0.354 0.122
7.92 x 107° 4.58 0.366 0.166
7.92 x 107° 5.60 0.442 0.163
1.45 %10 4.57 0.431 0.209

5

1.45 x .10 6.14 0.553 0.196
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Shapoval and Gorodyskil reported exchange current values on the
nickel (II) /nickel couple in a NaCl-KCl melt at 710° which correspond

to a rate constant of l.8x10-3 cm/sec.
C. EMF MEASUREMENTS

1. General

The relative standard electrode potentials of several redox
couples were determined in the two fluoride solvents from emf measure-
ments on galvanic cells at 500°; these cells consisted of a nickel(II)/
nickel reference electrode, containing from v 5x10_4 to 2x10-3 mole
fraction nickel(II), and the couple of interest. Since the potential
of the reference electrode was shown to include a significant junction
potential in some cases, the potential of each reference electrode was
related to that of the nickel(II)/nickel couple in the bulk of the melt.
Measured potentials were expressed with respect to a hypothetical unit
mole fraction nickel(II)/nickel electrode by means of the Nernst equa-
tion. The potential of this electrode was arbitrarily set at 0.000

volts.

2. The Beryllium(II)/Beryllium Couple

Since beryllium metal readily reduces zirconium(IV), it was not
possible to measure the potential of the beryllium(II)/beryllium couple
in LiF-Ber-ZrFa. However, this potential was measured in LiF-BeF
(66-34 mole per cent) by isolating the couple in a boron nitride compart-

2

ment and measuring the cell emf versus a nickel(II)/nickel electrode in

the bulk of a LiF-Ber-ZrF4 melt as the nickel(II) concentration was
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varied. The results of these measurements are given in Table IV; Fig-
ure 14 shows a plot of emf versus log [nickel(II)]. The line drawn
through the data points has the theoretical slope, 2.3RT/nF or 0.077 V,
given by the Nernst equation. The emf between the beryllium(II)/beryl-
lium electrode and a nickel(II)/nickel reference electrode in another
boron nitride compartment was constant at 1.799%0.002 V over an eight
day period. In the measurements on the beryllium(II)/beryllium elec-
trode, as in the measurements on the nickel(II)/nickel electrodes con-
tained in boron nitride compartments, the measured emf may have included
a significant junction potential across the boron nitride wall. Since
in this case there was no way to ascertain the magnitude of the junction
potential, it was included in the potential of the electrode couple. A
value of -2,120 V was determined with respect to a unit mole fraction
nickel (II) /nickel electrode in LiF-BeF, -ZrF

2 4
of the beryllium(II) is the solvent composition, L:LF-BeF2 (66-34 mole

at 500°; the standard state

per cent).

3. The Zirconium(IV)/Zirconium Couple

The potential of a zirconium rod immersed in LiF-Ber-ZrF4 versus
a nickel(II)/nickel reference electrode was found to be -1.446%0.01 V
over a five day period. This value corrected to a value versus the
standard potential of the nickel(II)/nickel couple was -1.549 V. Since
Grjotheim15 found that galvanic cells obeyed the Nernst equation up to
about 4.0 mole per cent solutions, it appeared justifiable to extrapo-
late the potential of the zirconium(IV)/zirconium couple to the hypo-

thetical unit mole fraction solution. This value 1s =1.742 V.



SUMMARY OF EMF MEASUREMENTS ON THE NICKEL(II)/NICKEL COUPLE

TABLE IV

VERSUS A BERYLLIUM(II)/BERYLLIUM ELECTRODE

(N1(1I1)],
mole fraction

EN1(11) /N1-EBe(1I)/Be>
volts

1.54 x 10~2

2.47 x 10°°

5.01 x 10~%

6.41 x T

8.95 x 10°°

1.10 x 10~

1.826
1.846
1.868
1.875
1.883

1.892
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Figure 14. Nernstian plot for the nickel(II)/nickel couple versus a

beryllium(II)beryllium electrode in LiF-Ber-ZrFa at 500°,
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4, The Uranium(IV)/Uranium(III) Couple

Figure 15 shows a plot of emf measurements, corrected to values
versus a unit mole fraction nickel (II)/nickel electrode, versus log
[U(IV)/U(III)]. A summary of these values is given in Table V. Measure~
ments were made at total uranium concentrations of l.loxlO_3 and 2.6x10_3
mole fraction in LiF-Ber-ZrF4 at 500°. The line drawn through the data
points has the theoretical slope of 0.153 V as given by the Nernst

equation. The standard electrode potential determined by extrapolation

to a U(IV)/U(III) ratio of unity is -1.480%0.01 V.

5. The Chromium(II)/Chromium Couple

Table VI summarizes emf measurements made in LiF-Ber-ZrF4 at 500°
on the chromium(II)/chromium couple. Figure 16 shows a plot of cor-
rected emf measurements versus log [chromium(II)]. The line drawn
through the data points has the theoretical slope of 0.077 V as given
by the Nernst equation. The standard electrode potential determined by

extrapolation to a unit mole fraction chromium(II) solution is

-Oo 701*0 .01 v.

6. The Chromium(III)/Chromium(II) Couple

Table VII gives a summary of emf measurements on the chromium(III)/

chromium(II) couple in LiF-Ber-ZrF4 at 500°C. Figure 17 shows a plot of

corrected emf measurements versus log [Cr(III)/Cr(II)]. The chromium(III)

4 to 1.3x10"3 mole fraction while

concentration was varied from 2.7x10
the chromium(II) concentration was constant at v 1.2x10—3 mole fraction.

The Cr(III)/Cr(II) ratio was determined from voltammetric current-potential.



54

—1.60r—

-1150 el

-1.40

-1.30

Emf (volts)

-1.20

-1.10 |~

-1.00 ] | . |
0 L 1.0 1555 2.0

Log (uranium(IV)/uranium(III)]

Figure 15. Nernstian plot for the uranium(IV)/ uranium(III) couple

in LiF—Ber—ZrF4 at 500°.
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TABLE V

SUMMARY OF EMF MEASUREMENTS ON THE
URANIUM(IV) /URANIUM(III) COUPLE

uav) Eref~Ey(1v) /U(I11)’ E°N1(11)/Ni-EU(IV)/U(I1I)
U(III) ratio voits)/ ( ) volts

138.0 0.882 1.152

29.4 0.987 1.257

11.8 1.075 1.345

6.7 1.078 1.348
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TABLE VI

SUMMARY OF EMF MEASUREMENTS ON THE
CHROMIUM(II)/CHROMIUM COUPLE

[cr(1D], Eref-Ecr(II) /Crs EN1 (11) /N1-Ecr (II) /Cr»
mole fraction volts volts
7.0L x 10~° 0.748 1,005
2.29 x 10°% 0. 720 0.977
6.40% 30" 0.694 0.951
1,21 x-10°3 0.680 0.937
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Figure 16. Nernstian plot for the chromium(II)/chromium couple in

o
LiF BeFZZrF4 at 500°.



TABLE VII

SUMMARY OF EMF MEASUREMENTS ON THE
CHROMIUM(III)/CHROMIUM(II)
COUPLE

58

Cr(III) .40 Eref-ECr(IT1)/Cr(I1)>  ENi(II)/Ni-ECr(III)/Cr(II),
Cr(II) : volts volts
0.24 0.360 0.617
0.35 0.320 0.577
0.52 0.295 0.552
0.78 0.270 0.527
1.15 0.253 0.510
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Figure 17. Nernstian plot for the chromium(III)/chromium(II)

couple in LiF-BeFZ-ZrF4 at 500°.
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curves obtained by scanning both cathodically and anodically from the
equilibrium potential of the chromium(III)/chromium(II) couple. The
peak current in the cathodic direction is proportional to the chromium(III)
concentration while the peak current in the anodic direction is propor-
tional to the chromium(II) concentration. The ratio of peak currents is
equal to the Cr(III)/Cr(II) ratio. The line drawn through the data points
in Figure 17 has the theoretical slope of 0.153 V as given by the Nernst
equation. The standard electrode potential determined at a Cr(III)/Cr(II)

ratio of unity is -0.514%0.01 V,

7. The Iron(IIl)/Iron Couple

Figure 18 shows a plot of corrected emf measurements made in LiF-

Ber-ZrF4

ized in Table VIII. The line drawn through the data points has the theo-

at 500° versus log [iron(II)]. These measurements are summar-

retical slope of 0.077 V as given by the Nernst equation. The standard
electrode potential determined by extrapolation to a unit mole fraction
solution of iron(II) is -0.410%0.01 V,

Figure 19 shows a plot of corrected emf measurements made in LiF-
NaF-KF at 500° versus log [iron(II)]. These measurements are summarized
in Table VIII. The line drawn through the data points has the theoreti-
cal slope of 0.077 V as given by the Nernst equation. The standard elec-
trode potential determined by extrapolation to a unit mole fraction

iron(II) solution is -0.390%0.01 V.

8. The Iron(III)/Iron(II) Couple

Figure 20 shows a plot of corrected emf measurements made in LiF~-

Ber-ZrF4 at 500° versus log [Fe(III)/Fe(II)]. These measurements are
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TABLE VIII

SUMMARY OF EMF MEASUREMENTS ON THE
IRON(II)/IRON COUPLE

[Fe(1D)], Eref-EFe(1I)/Fe, EN1(1T) /N1~EFe(11) /Fe,

mole fraction volts volts

4.98 x 10°° 0.415 0.734
-4a

2.53 x 10 0.351 0.670
-4a

8.22 x 10 0.330 0.649
-3a

1.24 x 10 0.318 0.637
_38

2.22 x 10 0.302 0.621
_5b

1.92 x 10 0.526 0. 744
-5b

8.64 x 10 0.491 0.709
-4b

1.69 x 10°% 0. 446 0.664
—4b

3.46 x 10~% 0.431 0.649
-4b

6.64 x 10 0.419 0.637

8In LiF-BeF,-ZrF,.

bIn LiF-NaF-KF.
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Figure 19. Nernstian plot for the iron(II)/iron.couple in LiF-
NaF-KF at 500°.



0.24—

0.22 |-

0-20—

0.18—

Emf (volts)

0.16 |-

0.14 (™

0.12 L | | |

-0.4 -0.2 0 0.2 0.4
: Log [iron(III)/iron(II)]

Figure 20. Nernstian plot for the iron(III)/iron(II)

LiF-Ber-ZrF4 at 500°,

0.6

couple in

64



65

summarized in Table IX. The iron(III) concentration was varied from

5 to 4x10.-4 mole fraction while the iron(II) concentration was-

7.0x10"
varied from 5.9x10-5 to 2.8x10-4 mole fraction. The line drawn through.
the data points has the theoretical slope of 0.153 V as given by the
Nernst equation. The standard electrode potential determined at a
Fe(III)/Fe(IIl) ratio of unity is 0.166*0,01 V.

Figure 21 shows a plot of corrected emf measurements made in
LiF-NaF-KF at 500° versus log [Fe(III)/Fe(II)]. A summary of these meas-
urements is given in Table IX. The iron(III) concentration was varied

4 to 5.2x10-4 mole fraction while the iron(II) concentration

from 2,5x10°
was varied from 1.6x10-4 to 5.6x10-4 mole fraction. The line drawn
through the data points has a theoretical slope of 0.153 V as given by

the Nernst equation. The standard electrode potential determined at a

Fe(III)/Fe(II) ratio of unity is -0,200:0,01 V.

9. Summary of Electrode Potentials

Table X summarizes the standard electrode potentials determined
in this investigation. The values determined in LiF—Ber-ZrF4 agree
rather well with values calculated by Baes,19 column IV of Table I,
page 6, for a L:LF-BeF2 (66-34 mole per cent) melt. It would be
expected that the properties of these two melts would be rather similar.
In all instances, the values determined in this study were lower than
fhe values calculated by Baes. The 100 mV difference observed between

the two values for the beryllium(II)/beryllium couple could be partially

or totally due to the inclusion of a junction potential in the value
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TABLE IX

SUMMARY OF EMF MEASUREMENTS ON THE
IRON(III)/IRON(II) COUPLE

%SSLLLL ete Eref‘EFe({II)/Fe(II)’ EN1(1I) /Ni~EFe(III)/Fe(1I)>
e(II) volts volts
0.79% -0.428 -0.152
1.18% -0.456 -0.180
1.448 -0.463 -0.187
2.29a -0.495 -0.219
0.43P 0.042 0.260
0.60P 0.016 0.234
0.86P -0.014 0.204
1.35P -0.040 0.178
2.50P -0.068 0.150

8In LiF-BeF-ZrF,.

bIn LiF-NaF-KF,
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TABLE X

MEASURED ELECTRODE POTENTIALS IN MOLTEN FLUORIDES

Standard Electrode Potentials,® volts

In LiF-BeF2-ZrF, In LiF-NaF-KF
Electrode couple at 500° at 500°
Be(II)/Be -2.120
Zr(IV)/Zr -1.742
U(1v) /U(I1I) -1.480
Cr(II)/Cr -0.701
Cr(III)/Cr(1I) -0.514
Fe(II)/Fe -0.,410 -0.390
Ni(II) /Nt 0.000 0,000
Fe(III)/Fe(II) 0.166 -0.200

8Standard state for all solutes except beryllium(II) is the
hypothetical unit mole fraction solution. The beryllium(II) standard
state is the solvent composition, LiF-BeF; (66-34 mole per cent).
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determined in this study. The other differences observed between the
values reported by Baes and those measured in this study range from
3 mV (for the iron(II)/iron couple) to 88 mV (for the chromium(II)/
chromium couple), These differences are difficult to explain at this
time solely on the basis of differences in solvent composition.

The valués determined in LiF-NaF-KF do not agree well with the
values estimated by chronopotentiometry at 750° by Mellors and Senderoff,17
column II of Table I, page 6; however, it is impossible to make a valid
comparison between the two sets of data without knowing the temperature

coefficients for the galvanic cells involved. Manningaz’43

has given
voltammetric current-potential curves for the iron(II)/iron, iron(III)/
iron(II) and nickel(II)/nickel couples in LiF-NaF-KF at ~ 500°. However,
it 1s impossible to compare the relative oxidation-reduction potentials ’
observed in these current-potential curves since a quasi-reference eieé-
trode was employed in the measurements. This electrode is poised by thék
potential of the melt which i1s dependent on the species in the melt; its
potential varies somewhat between melts. Also, the potential of the
reduction wave of a metal ion to a metal 1s dependent on the metal ion
concentration.

A comparison between the redox couples determined im.both solvents
indicates that the change in solvents has little effect on the.relative
difference in electrode potentials of the mickel(II)/nickel and iron(II)/
iron couples, 0,390 V in LiF-NaF-KF apd—0.416 V in LiF-BeFZ-ZrFa. How=-

ever, this is not the case for the iron(III)/iron(II) couple; the rela--

tive difference in electrode potentials of the iron(III)/iron(II). and
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the iron(II)/iron couples is 0.190 V in LiF-NaF-KF while it is 0.576 V
in LiF-BeFZ-ZrFa. Thus, iron(III) is 0.386 V or 8.8 kcal more stable

relative to iron(II) in LiF-NaF-KF than in LiF-BeF,-ZrF, .

2 4

D. VOLTAMMETRIC DETERMINATION OF HIGH U(IV)/U(III) RATIOS

1. Considerations

Simultaneous with the determination of the standard electrode
potential of the uranium(IV)/uranium(III) couple, a simple voltammetric
method was developed for the determination of the U(IV)/U(III) ratio
where the uranium(IV) concentration is much greater than the uranium(III)
concentration (approximately ten or greater). This method involves the
measurement of the equilibrium potential of the melt, measured with an
inert electrode immersed in the melt, with respect to the voltammetric
equivalent of the standard electrode potential, the polarographic El/Z'
From this measurement, the ratio is readily calculated from equation (1),
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This method should be applicable to the uranium(IV)/uranium(III) couple
since Mamantov and Manning44 have shown the couple to be reversible in

LiF—BeFZ-ZrF4.

2., Results
Figure 22 shows a voltammetric current-potential curve obtained

in LiF-BeF,-ZrF

2 4 at 500° by initially scanning cathodically from zero
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Figure 22. Voltammogram for the reduction of uranium(IV) in

(-]
LiF BeF2 ZrFA at 500°.
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volts and reversing the direction of scan at the reduction potential of
zirconium(IV). The total uranium concentration was 2.6x10-3 mole frac-
tion with a uranium(IV)/uranium(III) ratio of approximately 140. Since

a well-defined wave for the reaction U(IV) + e = U(III) was not observed
under the experimental conditions, a derivative of the current-potential
curve (Figure 22, the dashed line) was obtained. The peak of the deriva-

tive curve was taken as an approximation of El/ Table XI gives a com-

2°
parison between U(IV)/U(III) ratios determined by this method and those
determined from spectrophotometric analysis by Dr. J. P. Young.

It is interesting to note tha£ in Figure 22 a wave 1is seen for
the reduction of uranium(III) to uranium metal on the nickel working
electrode. No such wave was observed on a platinum working electrode
while the position of the zirconium(IV) reduction wave was the same for
both working electrodes. Mamantov and Manning44 did not observe such a
wave on a platinum working electrode either. It seems that the forma-

tion of a nickel-uranium alloy is responsible for the uranium(III) reduc-

tion at a nickel working electrode.

3. Discussion
The agreement obtained between the two independent methods of
analysis was very good considering the instability of uranium(III) in
the experimental system; uranium(III) could not be maintained for more
than 24 hours. This was apparently due to the diffusion of oxygen, which
readily oxidizes uranium(III) to uranium(IV), through the dry box gloves.
The advantages of this method are

(1) an isolated reference electrode is not required
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TABLE XI

THE DETERMINATION OF THE U(IV)/U(III) RATIO

Voltammetry Spectrophotometry

AE,® volts  U(IV)/U(III) ratioP AE,b volts  U(IV)/U(III) ratio®
0.345 180 0.328 138

0.225 29.6 0.225 29.4

0.153 10.0 0.164 11.8

0.130 7.1 0.135 6.7

8Measured values.

bcalculated values.
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(11) no independent knowledge of the relative standard electrode
potentials is required

(111) the electrode area need not be known.
The method is applicable to the determination of ratios of any redox
couple where both species are soluble and the electrode reaction is
reversible. A stationary working electrode was employed in this study,
but the method should also be applicable to the rotating disk and drop-
ping mercury working electrodes. The method in its present form is only
useful for high ratios of Ox/Red (or vice versa) since the diffusion or
limiting current for one speciles i1s assumed to be essentially negligible
compared to that of the other species. This method should also be useful
in other non-aqueous solvents where reference electrodes and electrode

potential data are not available.



CHAPTER IV
SUMMARY

The utility of a nickel(II)/nickel reference electrode contained
in a boron nitride compartment was investigated in molten LiF-BeFZ-ZrFa
(65.6-29.4-5.0 mole per cent) and LiF-NaF-KF (46.5-11.5-42.0 mole per
cent) by making emf measurements on nickel(II)/nickel concentration cells.
The nickel (II)/nickel couple was shown to obey the Nernst equation. It
was found that the reference electrode in some cases had a significant
junction potential across the boron nitride wall; even with this unpre-
dictable junction potential, the potential of such electrodes appeared
reasonably stable for periods of at least two weeks., Thus, such a ref-
erence electrode can be utilized for making emf measurements in molten
fluoride solvents by relating its potential to a common point for each
set of emf measurements.

The kinetics of the charge transfer reaction Ni(II) + 2e = Ni were
investigated employing the voltage-step method. Apparent adsorption of
nickel(II) at the microelectrode surface prevented a quantitative determi-
nation of the kinetic parameters; however, application of the simple
theory to the data ylelded a range in the transfer coefficient o of 0,32
to 0.55. The corresponding range in the heterogeneous standard rate con-
stant k° was 1.6x10™? to 2.3x10_3 cm/sec.

Standard electrode potentials of several redox couples were deter-
mined in molten fluorides. Emf measurements on galvanic cells were made
employing nickel(II)/nickel reference electrodes isolated in boron

75
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nitride compartments. Standard electrode potentials were determined by
relating the potential of each reference electrode to the standard elec-
trode potential of the nickel (IT)/nickel couple (arbitrarily set at
0.000 V). This was accomplished by measuring the potential of the ref-
erence electrode with respect to a nickel(II)/nickel electrode in the

bulk of the melt. The following values were determined in LiF-BeF, -ZrF

2
at 500°: beryllium(II)/beryllium, -2,120 V; zirconium(IV)/zirconium,

4

-1.742 V; uranium(IV)/uranium(III), -1.480V; chromium(II)/chromium,
-0,701 V; chromium(III)/chromium(II), -0.514 V; iron(II)/iron, -0.410 V;
nickel(II)/nickel, 0.000 V; iron(III)/iron(II), 0.166 V. The following
values were determined in LiF-NaF-KF at 500°: iron(II)/iron, -0.390 V;
iron(III)/iron II, -0.200 V; nickel(II)/nickel, 0.000 V,

A simple voltammetric method was developed for the determination
of high U(IV)/U(III) ratios. The method involves the measurement of the
equilibrium potential of the melt with respect to the voltammetric
equivalent of the standard electrode potential, the polarographic El/2’
of the uranium(IV)/uranium(III) couple. Good agreement was obtained
between this method and spectrophotometric analysis of molten salt

samples.
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