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Abstract—The electrochemical reduction of the solvated hydrogen ion dissolved in DMSO as HCl was
investigated from 25 to 45°C, at different concentrations and ionic strength. Staticnary and non-
stationary techniques were employed to obtain the kinetic parameters. The results were interpreted
with a reaction scheme involving an initial electron transfer as rds, probably followed by an electro-

chemical desorption step.

INTRODUCTION

The electrochemical reduction of the solvated proton
in DMSO was already studied on various metals,
such as platinum, iron and mercury[1-5], attempting
to evidence any possible influence of the solvent in the
course of the reactions.

For metals undergoing corrosion and passivation,
such as iron[6,7], in solutions of HCI in DMSO the
knowledge of the kinetics and mechanism of the
solvated proton discharge is required for a complete
interpretation of the electrode behaviour.

Nickel corrodes and passivates in DMSO solutions
containing HCL. The present paper refers to the
cathodic evolution of hydrogen on this metal, as part
of its electrochemical behaviour in those solutions.

EXPERIMENTAL

The electrolysis cell was the same previously
reported{3,6,7]. Nickel rotating disc electrodes of
2:8mm dia concentrically embedded in a Teflon
rod of 15 mm dia were used. Static electrodes for-
med by sectioning of the nickel-teflon rod cut at
45° angle were also employed. The purity of the
metal was 99-95 (impurities in ppm: 0-2 C; 0-005 Fe;
0-005 Mn; 0:005 Cu; 0:005 Cr; 0-005 S; 0-005 Si;
0-:003 Ti and 0:003 Co). The electrode area was
6:15 x 10-2 c¢cm? for the rotating disc and 8:-79
x 10 -2 cm? for the static electrode.

An aqueous saturated calomel electrode properly
shielded to avoid solution mixing, was used as
reference electrode. The solvent (DMSO) was
purified as reported elsewhere[3], the water content
being about 400 ppm. Hydrogen chloride solutions
were prepared as indicated[3,4]. Solutions were
employed under a stream of purified hydrogen gas
passing through. Hydrogen chloride concentration

was changed from 0-001 to 0-125 M. Most of the
experiments were done with solutions containing 1 M
potassium perchlorate (saturated with potassium
chloride) as supporting electrolyte. Solutions con-
taining [ M lithium perchlorate (0-1 M chloride ion,
obtained by adding either lithium chloride or
hydrogen chloride) were employed. A 0944 M
hydrogen chloride solution without supporting
electrolyte was also studied.

Current-potential curves were run both under
galvanostatic and potentiostatic conditions with the
disc electrode rotating at different speeds. Triangular
potential sweep voltammetry was also employed. The
galvanostatic cathodic overpotential build-up and
its decay at current interruption were recorded.
Experiments were run within the temperature range
25-45°C.

RESULTS

Current efficiency

The efficiency for the hydrogen evolution, mea-
sured at different current densities from 850 to
1240 pAjcm? was comprised between 93 and 99%.

Current-potential curves

Both potentiostatic and potentiodynamic current—
potential curves were recorded from the initial rest
potential toward cathodic potentials, either with the
cathode at rest or under rotation. These curves
depend principally on hydrogen chloride concentra-
tion and temperature (Figs. 1 and 2). The current—
potential curves display Tafel regions which are
independent of the stirring conditions. At high
cathodic potential and at low hydrogen chloride
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Fig. 1. Voltammograms obtained at 10 mV/s and 25°C. Solution composition 0-010 M HCI+ 1 M
LiClO, (0-100 M C17). Rotation speeds: 95:7/s (1) and 32-7/s (2).
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Fig. 2. Potential-log (apparent current density) plots at different concentrations and tempera-
tures; A, O, O, @, data from voltammograms obtained at 10 mV/s, 25°C and 32-7/s (rotation speed).
Solution composition X M HCl + 1 M LiClO4 (0-100 M C1-), the X’s are indicated in the figure.
X, A, +, data obtained potentiostatically at 95-7/s.
concentrations, a convective-diffusion controlled starting at a potential where the limiting current

region is observed (Fig. 2, 0-010 A HCI solution).
The voltammograms run at potential sweep rates
larger than 30 mV/s exhibit a cathodic cur-
rent peak related to the diffusion of the solvated
proton. No anodic current peak was detected during
the returning half-cycle from cathodic to anodic
potentials.

The current-potential curves obtained by changing
the potential from cathodic to anodic direction,

plateau is observed, exhibit hysteresis. Then, an
apparent potential arrest occurred at potentials more
cathodic than the rest potential, the latter being
recovered rather slowly.

The stationary cathodic Tafel slope, at 25°C, is
between 116 and 124 mV per decade for the rotating
nickel electrode and KCl (sat) + 1 MKCIO, + XM
HCI solution (0-001 < X < 0-125); for solution with-~
out supporting electrolyte its value is 146 mV per
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decade. Experiments run with the electrode at rest
exhibit a Tafel slope comprised between 133 and 178
mV per decade within the X values just reported.
The cathodic Tafel slope increases with temperature,
as expected.

Data derived from E/I curves obtained at 10 mV/s
are assembled in Table 1. by is the cathodic Tafel

Table 1. Kinetic parameters derived from cathodic E/f
voltammograms at 10 mV/s. Solution composition:
1 MLiICIO, + X' M LiCl1+ X M HCL.X + X" =0'1)

T X X br (io)e,
C M M mV pAfcm?

25 0-095 0-005 140 + 20 1-70
0-090 0-010 134 209

. 0-070 0-030 133 3-47
25 — 0-100 127 870
35 — 0-100 142 —
45 — 0-100 157 —

slope and (i), is the apparent current density
extrapolated at the rest potential, E,.

The cathodic limiting current increases linearly
both with the square root of the rotation speed of the
working electrode and with the hydrogen chloride
concentration (Fig. 3). The experimental diffusion
coefficient, as calculated from the limiting current
obtained with the nickel rotating disc electrode and
Levich equation[8], is (1-5+01)x10-% cm?/s, at
25°C, for the solution composition KCl (sat) + 1 M
KClO, + X M KCI (0-025 < X < 0-125). That figure
agrees with earlier published results[1].

Stationary current-potential curves were also run
starting from the initial rest potential toward anodic
potentials. The reaction occurring there at low
anodic overvoltage is the dissolution of the metal,

which will be reported in detail in a forthcoming
publication[9], but it is worthwhile to mention it here,
although briefly, because of the definition of the
corrosion potential of nickel in these solutions.
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Fig. 3. Dependence of the cathodic limiting current den-

sity on the square root of the rotation speed; 25°C;

solution composition: 1 M KCIO, + KCl (sat) + X M
KCl. X is indicated in the figure.

The rest potential

The rest potential of the working electrode, E,, at
constant ionic activity, depends on the logarithm of
the hydrogen ion concentration, at 25°C, as given by
the following expression:

E(sce)(in V) = (—0-298 + 0-020) — 0-0592 log C,,.+
)

as shown in Fig. 4. The slope (AE,/A log C,.)
approaches the value 2-3(RT/F).
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Fig. 4. Dependence of the rest potential on the concentration of HCI at 25°C, in the presence of
1 M KClO,4 + KCl (sat)(®) and 1 M LiClO4(Q).



660

Electrode differeniial capacitance

The cathodic overvoltage decay data at. current
interruption show reasonable linear dependences
between electrode potential and logarithm of time,
within the same potential range where the Tafel line
was found for the stationary E/I curves. The experi-
mental electrode differential capacitances corre-
sponding to the potential of current interruption are
within § and 12 pwF/cm?, and exhibit no dependence
on electrode potential, at least within the Tafel
region.

From the galvanostatic potential build-up, the
apparent electrode differential capacitance at the ini-
tial potential was, at 25°C, 12 4+ 4 uF/em?. The coin-
cidence with values reported from decay curves at
different potentials is reasonable and probably
suggests that no significant modification in the
electrochemical interface occurs during the reaction.

Dependence of the Tafel line region on hydrogen ion
concentration

For evaluating the reaction orders only those
solutions containing an excess of supporting electro-
lyte were considered.

At constant temperature, chloride ion concentra-
tion and electrode potential, the cathodic current
increases with the hydrogen chloride concentration
(Fig. 2). At constant cathodic potential, the reaction
order, (@log i/? log C, )¢ is practically equal to 1
(Fig. 5). At constant overvoltage, E — E,, the reac-
tion order, (?logif@log Cyi)e—g is close to 1/2
(Fig. 6).
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Fig. 5. Plot of log (apparent current density} vs log

(hydrogen chloride concentration) with data from Fig. 2

at E (vs sce) = —0-580 V, at constant chloride ion con-
centration and 25°C.
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Fig. 6. Plot of log (apparent current density at E,) vs log
(hydrogen chloride concentration) with data from Fig. 2,
at constant chloride ion concentration and 25°C.

At constant temperature, chloride ion concentra-
tion and current, the overvoltage increases with the
hydrogen ion concentration, as shown in Fig. 7. The
slope drawn corresponds to [é(E — E,){9log Cu*]i =
60 mV/decade.
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Fig. 7. Dependence of E — E, on log (hydrogen chloride
concentration). Data obtained from Fig. 2 at 3-17 x 105
A/cm?, constant chloride ion concentration and 25°C.

Temperature effect

The increase of temperature provokes, at a con-
stant potential, a current increase (Fig. 1) which can
be plotted in terms of an Arrhenius plot (Fig. 8).
The experimental activation energy, AH*, decreases
as the overvoltage FE — E, becomes more cathodic,
according to the expression:

F
AHf;, = 8HS — 5 |E— E|. )

In the range 0 > E— E,>—025 V, AH} is 18
=+ 3 kcal/mole.
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Fig. 8. Arrhenius plot for the apparent current density at
E,.. The experimental activation energy from this plot is
17-5 kcal/mole. Data obtained for a voltammogram run
at 10 mV/s with a rotation speed of 32:7/s and a solution
composition 0-100 M HCl + 1 M LiClO, .

DISCUSSION

When a nickel electrode is dipped into a HCI-
DMSQ solution it attains a rest potential which
principally depends on the hydrogen chloride con-
centration. If the electrode is cathodised then the
hydrogen evolution occurs and when it is anodised,
then the metal dissolves. On switching the current
off, either cathodic or anodic, the rest potential
returns rather slowly to its initial value. These metal-
solution potentials are related to the corrosion pro-
cess just described. Their values should be comprised,
in principle, between the potentials of the metal-
metal ion electrode and the potential of the hydrogen
electrode in DMBSO, in the absence of any passivation
or inhibition effect. The latter potential can be
estimated from the activity coefficients for the
hydrogen ion transfer from water to DMSO.
Kolthoff e al[10] obtained from relative acidity
constants a value for log "2°I'2M° = —1-5 4+ 0'5, at
25°C, which corresponds to a difference between the
standard potential of the hydrogen electrode in
DMSO and in water, (EJ. puso) — En+azm), €qual
to —0-090 + 0-027 V[11,12].

Courtot-Coupez, Laouénan and Le Démezet[13],
after Strehlow’s hypothesis that the standard
potential of the ferrocene—ferrocinium couple is
independent of the solvent[14], obtained a value for
log "2°TBMs° equal to —5-8 + 01, at 25°C, which
corresponds to a difference (EJ: pmso) — Em+mz0))
equal to —0-340 V. In any case, the standard
hydrogen electrode potential in DMSO is more
negative than in water solutions, which is due to the
stronger protophilic character of DMSO as com-
pared to H.O. Therefore, from the above mentioned
quantities, in the scale, the normal hydrogen elec-
trode in DMSO should be located either at —0-334
-+ 0030 V, or —0-584 4- 0-010 V.

Independently of the discrepancies of the theoreti-
cal values, the measured rest potentials appear always
more positive than any of them, probably indicating
a modification of the metal surface caused either by
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the ions present in the solution or molecules pro-
duced as minor impurities during the cathodic
reaction.

The Tafel slopes obtained with the solutions of low
HCI concentration, in the presence of supporting
electrolyte under stirring, are very close to the
ratio 2RT/F. Higher Tafel slopes resulted with solu-
tions containing high HCI concentrations. For the
latter the Tafel region covers a relatively shorter
log (current) range, particularly at higher tempera-
tures. Therefore, the results obtained with the more
diluted HCI solutions yield a definite set of para-
meters which allow a relatively simple mechanistic
interpretation of the reaction under quasisteady
state conditions. The cathodic Tafel slope, the
different reaction orders with respect to hydrogen
ion, the dependence of the overvoltage and of the rest
potential on the concentration of hydrogen ions, are
in agreement with the following reaction pathway:

H " (solv) + Ni(e) = Ni(H), aJ
(e)Ni(H) + H*(solv) = Ni+ H.. an

This reaction path, involving either step I or step 11
as rate determining, under Langmuir conditions,
vields theoretical kinetic parameters which agree
reasonably well with the experimental ones, as shown
in Table 2. A mechanism involving a hydrogen
adatom recombination step as rds under either
Langmuir or Temkin conditions should, in principle,
be discarded. Let us try a further analysis for
determining the more likely rate determining step.
For this purpose, some relevant facts are obtained
from non-stationary measurements. The apparent
absence of any appreciable adsorption pseudo-
capacitance contribution of hydrogen adatoms to the
electrochemical double layer, seems to favour reac-
tion I over reaction 1L as rate determining. If this
contribution existed to any extent, it would affect the
structure of the double layer and the measured
capacitance would appear as potential dependent. If
reaction I is rate determining, under steady state
both steps would occur at the same rate, so that:

A
kia,.(1 —0) exp[— a'RﬁF]
A
:k1[0aH+ exp[“‘%ﬁl’ (3)

where &, and ky; are the specific rate constants. Aé
is the potential difference at the reaction interface;
a,. is the activity of hydrogen ions at the interface;
0 is the degree of surface coverage by hydrogen
adatoms and «; and «y, are the transfer coefficients
for each step, assisting the corresponding reaction in
the cathodic direction. As both steps involve a single
charge transfer process, it is reasonably to assume
oy = oy = 1/2. Under this circumstances 6 becomes
potential independent.’ '
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Table 2. Comparison of the theoretical kinetic parameters at 25°C, (e = 0-5), (concentrated solutions
and Langmuir conditions) with experimental data

Theoretical

Parameter

Experimental

D rds

(ID) rds

2RT
—-2'3(—1?—) N 0—>0

HE —E)
9logi Ch+. 1

[6(E — E,) RT
_along_:It 23(F) 60
[ dlogi

—_—— 1,60

_8 log CH+]W1.¢M ”
Fﬂ_ 05, 8 -0

0108 Cus | g g, ’

(—116) to (—124)mV

2RT
23( ) g0 (rde)

_2.3(21!_}2), 91 (—133) to (—168)mV

(at rest)
3RT

23(4F) -0

60 + 10 mV
23( ) |
2, 8§50

1 +£01
1, 61
05 80

0-46 + 0-1
05, 01

The experimental cathodic current-potential curves
obtained with low HCI concentration (0-005-0-03 M)
can be, however, calculated with the relationship
derived by Vetter[15], for the above mentioned con-
secutive reaction scheme, under 8 < 1,

i=1o,1 €Xp [ a Ra;)F E,)]
F
1 —exp [% (E— Er)]
, 4
lo A+ a— an)F
1+ T [ RT (E— E,)]

where /o, and #, 1 are the current densities at the
rest potential, E,, corresponding to reaction steps I
and II, respectively. Results fit equation (4) after
taking o = & — 0-5 and io_ 1= 10 ic_ 1. At high
cathodic potentials equation (4) implies a Tafel line
with a slope equal to 2RT/F, and involves only the
kinetic parameters related to the first step.

If reaction 1 is rate determining, the mechanism is
not definitely established, since the following fast
reaction could be either step 11 or a recombination of
the hydrogen adatoms. The stoichiometric number
which is required for this distinction can not be
safely derived from the present results.

The high Tafel slopes observed particuiarly with
the more concentrated HCI solutions, can also be
interpreted in terms of reaction I as rds. The high
Tafel slopes are favoured in the non-stirring solutions
and when the temperature is increased. To explain
these results some facts recently reported are rele-

vant. There is a heterogeneous reaction between
hydrogen and'DMSO yielding, at least on platinum,
a bound film of reduction products, probably
dimethylsulphide (DMS)[16]. This substance has
been detected as an impurity formed during the
cathodic discharge of ammonium ion dissolved in
DMSO on platinum and it affects the kinetics of the
reaction[17]. Furthermore, the inhibiting action of
organic sulphides and sulphoxides on the cathodic
and anodic reactions occurring on iron in 1 N HCI
aqueous solutions is known, the sulphide being pre-
ferentially adsorbed than the sulphoxide[18,19].

On the basis of these findings it is reasonable to
interpret the high Tafel slopes in terms of a variation
of the impurity coverage with potential. The effect of
the impurity on the Tafel slope for a slow discharge
mechanism, at potentials greater than 0-1 V from the
electrocapillary maximum, reflects on the current
density as follows[20]:

C AuNV’
i =kiay. C":”I'f X [ ;RT]
AuN\NF(E — E,
GXD[“ (/3+ £ )LRT_)]’ ®

where Cpmso and C; are the concentration of the
solvent and the organic impurity respectively;
K =exp(AFpmso — AF)/RT, AFpmso and AF, are
the free energies of adsorption of the solvent and the
organic impurity; Au, is the difference in dipole
moments of the impurity and the solvent molecule;
V' is the potential of the electrode with respect to
the electrocapillary maximum, and 3§ is the thickness
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of the double layer. According to equation (5), the
Tafel slope under these circumstances becomes:

_ 2303RT [, ApN]™
br___F—liﬁ+v] . )

In order to calculate the higher limit of the Tafel
slope, on the assumption that one solvent molecule
and one inhibitor molecule are competing for each
adsorption site, we take the following constants[20]:
Mpmso = 39 X 10 7'® esu; ppms = 1'45 X 10 7% esu;
B=050; N=602x 1023, F=3x 10'* esu; 8 =
3 x 108 cm. At 25°C, br is equal to 176 mV per
decade, a figure which is close to the experimental
one. It should be mentioned that the same increase of
the cathodic Tafel slope due to the presence of orga-
nic sulphides (10 —* M dibenzylsulphide) has been
observed for the hydrogen discharge reaction on iron
in 1 N HCI aqueous solutions[18].

The same analysis in terms of reaction mechanism
solely controlled by step LI leads to a decrease of the
Tafel slope due to the competitive adsorption be-
tween the impurity and hydrogen atoms for electrode
sites[17].

Therefore, the higher current densities reached
with the more concentrated solutions, the increase of
temperature and the nonstirring condition, mean
positive contributions for more casily attaining a
higher organic impurity concentration (dimethyl-
sulphide) at the reaction interface, with the corre-
sponding increase of the cathodic Tafel slope. These
facts appears then as a further support to reaction 1
as rate determining.

Finally, it should be mentioned that, within the
range from —0-1 to —0-3 V the experimental activa-
tion energy is close to the value reported for acid
aqueous solutions on the same metal, at tempera-
tures where tunnel effect contribution is negligible
[1, 22, 23]. Its dependence on potential apparently
would correspond to the expectations of the mecha-
nisms described, although because of the inhibiting
effect just discussed no definite conclusions from the
temperature dependence of the reaction rate can be
drawn.
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