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Electrochemical behaviour and solubility study of
hydrogen and acetic acid in molten alkali acetates
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The solubility of hydrogen in molten sodium/potassium acetates has been determined in the temperature
range 250-300° C. The electrochemical behaviour of hydrogen and acetic acid in the same melt has also

been studied at bright platinum electrodes at 250° C.

1. Introduction

Investigations on the electrochemistry of the HY/
H, couple in molten salts are relatively few in
spite of the possible interest of this couple in con-
nection with fuel cell technology. The hydrogen
electrode has been studied in molten carbonates
[1-3], fluorides 4], hydroxides [5], chlorides
[6—8] and chloroaluminates [9, 10]. Quite re-
cently a potentiometric and voltammetric study
of the Hy, OH7H,0 half cell in molten nitrates
has also been reported [11, 12].

This study, following previous communica-
tions [13, 14], deals with the determination of
the solubility of molecular hydrogen in the
eutectic mixture sodium/potassium acetate
(463 mol% CH;COONa) in the temperature
range 250-300° C. The electro-oxidation of hyd-
rogen and the reduction of acetic acid have also
been studied at 250° C at bright platinum elec-
trodes using different electrochemical techniques.

2. Experimental

The chemicals (CH;COONa, CH;COOK and
CH;COOH) were Carlo Erba (Milan) reagent
grade and were used without further purification.
High purity hydrogen and nitrogen were dried
with molecular sieves type 5A before use. The
solvent was prepared and handled as described in
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[14]. The cell used for the voltammetric measure-
ments was a Pyrex vessel connected with the
vacuum line by means of an O-ring glass joint.

All the electrodes, but the working one, were
sealed to the cell body to minimize possible leaks
when operating at reduced pressure. Two platinum
flags were used as quasi-reference and counter-
electrode respectively. The potential of the quasi-
reference was measured, when required, versus an
Ag'/Ag (0-07 molal in (Na, K)NO; 46-3 mol%
NaNQj;) reference electrode enclosed in a thin
glass bulb sealed to the cell body. No attempt

was made to measure the junction potential which
may be relatively high and change with the type and
concentration of solute in the main compartment.

The working electrode was a platinum wire
(area about 0-07 cm?) sealed at the end of a soft
glass tube. The electrode was introduced into the
cell through an O-ring glass joint and frequently
removed for cleaning.

The experimental apparatus for solubility ex-
periments was a modified version of the one des-
cribed in [14] in which the mercury manometer
was adapted for pressure measurements up to 102
kPa. The procedure for calibration of the appara-
tus and for computing the solubility from pressure
readings was the same as described in [15].

An AMEL mod 463 multipurpose unit coupled
with an X-Y (HP 7001 AM) or a HI-TEK AA1
signal averager was used for the electrochemical
measurements.
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3. Results and discussion
3.1. Solubility measurements

The working pressure during the solubility experi-
ments was close to 102 kPa. The depression caused
by the dissolution process was followed as a func-
tion of time by means of the micrometric mano-
meter [14]. A typical example of pressure decay
versus time is shown in Fig. 1. The pressure drops
relatively fast as soon as the stirring is initiated,
reaches a steady value after a length of time

that depends on the stirring rate. When equili-
brium conditions are reached the pressure stays
constant for hours indicating that no hydrogen
consuming reaction takes place as is the case of
nitrate melts [15].

Table 1 summarizes the results of the solu-
bility experiments. Each value of the Henry’s con-
stant is the average of at least three different runs.
The reproducibility of the results was within
5-7%.

The heat of solution {AH = — R&ln K/(1/T)]
computed from the slope of the plot log K versus
1/Tis 82 kY mol™.

The Henry’s constants at 523 K, the heats and
standard entropies of solution for hydrogen and
water in acetates and nitrates are compared in
Table 2. The standard entropies of solution have
been computed by using the equation

~2 T= 5476 K

working pressure 93kPa

| ]

30 t (min)

Table 1. Values of the Henry’s constants for hydrogen
solubility at different temperatures

T (K) K X 10° (molm™2 Pa™!)
529-6 3.25
5476 3-39
565-9 3-69
573-3 3-71

AS = AH/T+ R In (C,/Cy)

where C and C, are the concentrations in solu-
tion and in the gas phase, respectively. In view of
the choice of standard states for both the gas and
the solution (mol per unit volume) the AS values
are uniquely a function of the interactions be-
tween the gas and the solvent ions [15-20].

From Table 2 it may be seen that in both melts
hydrogen is about one thousand times less soluble
than water. The heats of solution are relatively
high and negative for water, and positive and low
for hydrogen. This is consistent with the theory
of gas solubility in molten salts which predicts a
high solubility and a negative AH for interacting
gases such as water, and a low solubility and a
positive AH for a non-polar gas.

In the last case, in fact, the gas-solvent ion
interactions are weak and the main energy contri-
bution to the solubilization process is the work
done against the surface tension of the melt to
create a hole to accommodate the molecule.

Fig. 1. Typical pressure decay during a solubility
experiment.
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Table 2. Thermodynamic parameters for gas solubilities in molten acetates and nitrates

Solute  Solvent Composition K, (molm™ Pa’') H(kJmol') S, JK7' mol) Reference
H, (Na, K) acetates 46-3-53-7 3-16 X 107® 8-2 —19-8 this work
H,0 (Na, K) acetates 46-3-53.7 1-24 X 1072 —43 —49 14
H, (Na, K) nitrates  50-50 139 x 10°¢ 14 —16 15
H,O (Na, K) nitrates  50-50 0-94 x 1072 35 — 37 20

The AS value for hydrogen solubility in ace-
tates, as well as in nitrates, is lower than the
corresponding value for water. As a negative en-
tropy is indicative of a certain structuring of the
solvent ions surrounding the gas molecule a lower
AS is expected for a non-polar gas such as hydro-
gen. The thermodynamic data for hydrogen in
acetates and nitrates are comparable. The solu-
bility is, however, slightly higher in the first
solvent as is the case for water. Because the en-
ergy involved in the hydrogen solubilization is
mainly due to the work necessary to create a hole,
the difference between acetates and nitrates has
to be related to a lower surface tension of the
acetates. To the best of our knowledge, the only
surface tension data for acetates is relative to
molten CH;COOK at 588 K for which a value of
0-042 N-m™! is reported [21]. This value is, how-
ever, much lower than the corresponding value
for molten KNO; (0-111 Nm™ at 588 K).

Lack of data for mixtures of acetates prevents
any comparison of the experimental parameters
with the theory [15-20].

The gas volumetric method used for the deter-
mination of the solubility of hydrogen cannot be
used for acetic acid because this compound under-
goes partial dimerization in the gas phase. Rough
values for the solubility of acetic acid have been
obtained either by titrating the acid stripped from
saturated melts and collected on water or by com-
paring the limiting diffusion currents for the re-
duction of acetic acid and water and assuming
equal diffusion coefficients [13, 14]. The data
obtained, although too imprecise to be quoted,
are sufficient to state that the solubility of acetic
acid is of the same order of magnitude of the
solubility of water (K about 1072 mol m™ Pa™!).
Further work is in progress in this direction.

3.2. Hydrogen and acetic acid voltammetry

Fig. 2 shows a cyclic voltammogram obtained with
a platinum electrode in a partially wet melt satur-
ated with hydrogen at a pressure of 90 kPa. The
overall electrode reactions for waves A~B may be
written [13]

, ====== 2 CH;COOH+ 2e (1)
waves C-D correspond to the reaction
H,0+e = $ H, + OH (2)

as reported in [14].

The hydrogen oxidation wave is not affected by
the water content of the melt if the potential scan
is initiated in the positive direction. If the initial
scan direction is reversed the general shape of the
waves remains the same apart from a slight shift of
the peak potentials in the cathodic direction. The
shape of the cyclic voltammograms and of the
polarograms at platinum electrodes for hydrogen
oxidation depends on the state of the electrode
surface. When the electrode is not very ‘clean’ the
voltammograms with a vibrating electrode [22]
are distorted by a maximum, the cyclic voltammo-
grams are broad and the current does not decay
properly after the maximum. ‘Clean’ electrode sur-
faces have been obtained by applying the proce-
dure described in [14]. Before each measurement,
in addition, the electrode was polarized several
times within the potential region of interest.

The best results have been obtained by con-
structing the voltammograms from current—-time
curves traced at different potentials and measuring
the currents at a fixed time, generally five seconds,

after the application of the potential step [23]
(Fig. 3).
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Fig. 2. Cyclic voltammogram obtained at a platinum
electrode in a partially wet (Na, K) acetate melt saturated
with hydrogen at a pressure of 90 kPa. Platinum electrode
area about 7 X 107® m?; temperature 250° C; scan rate
01 Vs,

Within the limits of experimental error (no
correction has been made for the cylindrical shape
of the electrode) the product it*? is constant for
times up to five seconds and the limiting currents
in the constructed voltammograms are linearly
dependent on the hydrogen partial pressure (Fig.
4) thus indicating that the process is diffusion
controlled.

The reproducibility of the results obtained
with this method can probably be ascribed to the
state of the electrode surface which is always the
same before the application of the potential steps.

If Reaction 1 is reversible and diffusion con-
trolled the Nernst equation may be written [24]

]
ig/nA /
20
10 |
- | |
0.5 1.0 PH2/102kP0

Fig. 4. Hydrogen pressure dependence of the limiting
currents in the constructed voltammograms. Temperature
250° C. Platinum electrode area 7 X 107 m?

E = Ey, + RT/2F In (— iY*/(—iq +1)

from which it can be seen that a plot of F versus
In(— §)%/(— iy + i) should be linear with slope
equal to RT/2F and that E,,, should depend on
the hydrogen partial pressure (or concentration)
following the equation

Ey, = E'+RT/2F Inpy,

where £ is a formal standard potential.

In Fig. 5 is shown the log plot for the wave in
Fig. 3. It can be seen that the plot is linear with
a reciprocal slope equal to 53-9 mV (theoretical
slope at 250° C, 51-8 mV). Linear plots with
slopes close to the thearetical are obtained only
if the electrode is accurately cleaned. If this
condition is not realized the diagrams are still
linear with slopes much higher than the theo-
retical. Due to the uncertainty in the reference
electrode potential, no plots of £, versus log
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Fig. 3. Constructed voltammogram for hydrogen
oxidation. Current measured at five seconds.
Hydrogen partial pressure 46 kPa. Platinum elec-

E/mV vs Pt quasi Reference

trode area 7 X 107° m?. Temperature 250° C.
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Fig. 5. Plot log (—0)*/(—iq + #) versus £ for the oxidation
wave in Fig. 3. Reciprocal slope 53-9 mV (theoretical at
250°C, 51-9 mV).

pu, canbe reported. Qualitatively it has been
observed that the entire wave moves, as ex-
pected, toward more anodic potentials with
increasing partial pressure.

The above results demonstrate that, at least
on the time scale of a constructed polarogram,
the oxidation of hydrogen is a reversible dif-
fusion-controlled process at bright platinum
electrodes. Detailed investigations on the mech-
anism of the hydrogen electrode are beyond the
aim of this paper. It seems, however, worthwhile
to point out that under these conditions it is
impossible to specify any kinetic step for Reac-
tion 1 that is normally discussed in terms of the
Tafel-Volmer scheme [25]

H, +2M =2 MH (Tafel)
2MH+2 B =2M+2HB+ 2e (Volmer)
€Y

®3)

where M is the electrode and B a base.

Some information on the reaction path may,
however, be deduced from the cyclic voltammetric
data. Among the different electrode materials
tested, only on platinum it was possible to obtain
oxidation waves like the one shown in Fig. 2. This
is not surprising in view of the role played by
platinum in the hydrogen electrode reaction.
Other electrode materials, such as glassy carbon,
gold and tungsten, appear to be usable, especially
the first two; in molten acetates. The background
currents are greater than on platinum and bnly
very broad and drawn-out waves are obtained in
the presence of hydrogen and water.

The modifications of the oxidation curves at
platinum with increasing scan rate give further
information. At low scan rates (up to about 1V
s7!) the oxidation curve is peak-shaped while, at
faster sweep rates, it assumes progressively the
shape of a wave. At the same time the current

function i, /v"? decreases due to the presence of a

preceding chemical reaction [26], the curve moves
towards more anodic potentials and the peak width
and separation increase.

This behaviour is consistent with the kinetic
scheme discussed by Saveant and Vianello [27]

"in which the depolarizer is produced by dissocia-

tion (monomerization) of an electrochemically
inactive dimer. If this mechanism is applicable to
the present case, it may be concluded that, when
the time scale of the experiment decreases, the
rate-determining step is the formation of hydrogen
atoms on the electrode surface which may occur
only at a certain rate,

At low scan rates (less than 0-1-0-2 V s7%) the
half peak width, the peak separation and the ratio
i3/I, are in reasonable agreement with the diag-
nostic criteria of Saveant and Vianello for the
above mechanism and with those given by Shuman
[28] who computed the theoretical cyclic volt-
ammograms for a reversible monomerization
following a reversible charge transfer. The two

Table 3. Typical cyclic voltammetric parameters for the oxidation of hydrogen and reduction of
acetic acid in molten (Na, K) acetates at 250° C. Hydrogen pressure 95 kPa, acetic acid partial

pressure 0-56 kPa. The theoretical values [26, 27] are given in parentheses. Scan rate 0-1 Vs

platinum electrode area about 7 X 1076 m?

-1.
s

Solute Half-peak width (mV) Peak separation (mV) iffiy
H, 80(75-2) 85 (79:5) 1-04 (1-09)
acetic acid 71 (70-3) 130 (78-9) 0-65 (0-95)
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Fig. 6. Cyclic voltammogram for acetic acid reduction.
Platinum electrode area about 7 X 107® m?; temperature

250° C; acetic acid concentration unknown; scan rate
0-136 Vs,

mechanisms lead to the same curve when the
overall reaction is diffusion controlled.

Typical parameters for the oxidation of hydro-
gen are given in Table 3. The diffusion coefficient
for hydrogen, computed from the slope of the
plot iy versus py, using the Cottrell equation and
the determined Henry’s constant at 523 K is
5 x 1078 m? 57! significantly larger than the value
found for water in the same melt (D = 1-34 x 107°
m? s7') and comparable with the one reported in
molten carbonates (D =4+4 x 107® m? s') at
much higher temperature [29].

In molten nitrates, where the hydrogen oxida-
tion occurs only in the presence of hydroxide with
a rather complex mechanism [11], the estimated
diffusion coefficientis DS 7-8 x 107 m? 57! at
523 K.

The results obtained in solutions of hydrogen

have been complemented by those obtained in
solutions of acetic acid in the same melt. Figs. 6
and 7 show a cyclic voltammogram and a con-
structed polarogram for acetic acid reduction.
Fig. 8 shows the pertinent logarithmic plot for the
wave in Fig. 7. It can be seen that the plot is linear
with a slope of 52-2 mV very close to the theo-
retical value of 519 mV at 523 K [24].

The shape of the cyclic voltammograms and
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Fig. 7. Constructed voltammogram for acetic acid reduc-
tion. Platinum electrode area about 7 X 107° m?; tempera-
ture 250° C; acetic acid concentration unknown.

the logarithmic analysis of the polarograms sug-
gest, as is expected from the results obtained with
hydrogen, that the reduction of acetic acid is a
reversible diffusion-controlled process. The cyclic
voltammetric parameters for the reduction of
acetic acid summarized in Table 3 indicate, at low
‘scan rate, a non-unity reaction order correspond-
ing to the overall electrode reaction

2 CH;COOH + 2 ¢ = H, + 2 CH;C00™ (5)
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Fig. 8. Plot log (i3 —i)*/i versus E for the reduction wave
in Fig. 7. Reciprocal slope 52-2 mV (theoretical at 250° C,
51-9 mV).
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treated for cyclic voltammetry by Saveant and
Vianello [27] and by Shuman [28]. For scan rates
up to 5 Vs™! the peak width is in agreement with
the theory while the current function i,/0"? de-
creases slightly indicating a possible CE behaviour.
The ratio i¢/i,, as well as the peak separation, are
generally greater than those expected at any scan
rate. Both facts may, however, be tentatively ex-
plained with the partial loss of hydrogen from the
diffusion layer caused by the large solubility dif-
ference between hydrogen and acetic acid.

As for hydrogen oxidation, Reaction 5 may be
discussed in terms of the Tafel-Volmer scheme
{Equations 3 and 4). The above electrochemical
results indicate, however, that in this melt the
dimerization of hydrogen atoms is fast and re-
versible. This is not the case for the reduction of
HCl in chloride melts [6-8] where the charge
transfer step is faster than the hydrogen atom com-
bination reaction and the electrode reaction does
not involve molecular hydrogen.

No diffusion coefficient may be quoted for
acetic acid because its solubility in the melt is,
at present, not known.
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