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Kinetics of Reduction of Silver(II) by Sodium Tetrahydroborate
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The kinetics of reduction of silver(II) by sodium tetrahydroborate in aqueous acidic solution has been
investigated. The reaction was observed to proceed in two steps, namely, (a) the formation of the intermediate
Ag! and (b) the subsequent conversion of Ag! to Ag®. The activation parameters for the two steps have been
separately calculated. The intermediate Ag! species, and the final products, were characterized by chemical and
spectral methods. A plausible mechanism for the reduction of Ag!! ions has been proposed.

The mechanism of oxidation by Agl!! has been the
subject of several investigations in which organic?
and inorganic? substrates have been used. The
Agll/Ag! couple has a high reduction potential of
+2.00 V in 1.0 M HCIO4 (1 M=1 mol dm~-3).® Silver-
(II) reacts rapidly even with substrates that exhibit
sluggish behavior towards other commonly employ-
ed reagents. The kinetics of oxidation of Fe2+, Mn2+,
Co?+, Ce3+, and V4*+ by Ag!! revealed a wide range of
reduction potentials and self-exchange rates.¥# Many
oxidation reactions such as the oxidation of Hg! by
Cett ions,” the peroxydisulfate oxidations of Celll,
Crit, VIV_and N2H4,® and of oxalate,” are all catalyzed
by Agt ions, and the kinetics have been visualized as
proceeding via the initial oxidation of Ag! to Agll,
which then undergoes reduction by the substrate. The
reactions of the tetrahydroborate ion with transition
metal compounds usually result either in a reduction
of metal to a lower oxidation state and possibly the
formation of a hydride compound, or the formation of
a tetrahydroborate or a diborane derivative.8:9
Sodium tetrahydroborate in water or methanol
solution was found to be an effective reducing agent
for the conversion of aldehydes and ketones to the
corresponding alcohols.10:10 In an earlier paper, we
had reported our results on the kinetics of reduction of
hexacyanoferrate(III) by sodium tetrahydroborate.1?
In continuation of our work on the kinetics of reduc-
tion of transition metal ions by sodium tetrahydro-
borate, we report here the kinetic features of the
reduction of silver(Il) by sodium tetrahydroborate in
aqueous acidic medium, at constant ionic strength,
under a nitrogen atmosphere. A plausible mech-
anistic pathway for the reduction reaction has been
suggested.

Experimental

Materials, Methods, and Stoichiometry. Sodium tetra-
hydroborate (Loba Chemical Co.) was kept under vacuum.
Tetrakis(pyridine)silver(Il) peroxodisulfate, [Ag(py)s]S20s,
was prepared by the standard procedure,’® and was used as
the source of Ag(II). Perchloric acid and sodium perchlorate
were of E. Merck products. All solutions were prepared in
dark-colored flasks in order to prevent exposure of Agl
solutions to light.

Solutions of sodium tetrahydroborate were prepared in
water. Since sodium tetrahydroborate undergoes hydrolysis
in aqueous medium,!? all the solutions used for the kinetic
runs were prepared by dissolving 2.5 times more of NaBH4
than what was theoretically necessary. Solutions of Agl!
were prepared in HC104 and NaClO4 to maintain a constant
ionic strength. It has been shown that Ag(II) can undergo
disproportionation according to:14:19

2Agll —_ Agl + Aglll

Hence, an excess of Ag! solution (0.10 M) was added to
prevent disproportionation of Ag!!. The two solutions were
separately thermostated at 15 °C for 1 h under nitrogen, and
then mixed in equal volumes by syringing into the
spectrophotometric cell (UV-26, Beckman). The progress of
the reaction was monitored at 375 nm by observing:

(i) Anincrease in the optical density due to the reduction
of the Ag! to the Ag! species. This solution does not contain
any Ag!! ion at the end of this reaction.

(ii) The subsequent decrease in the optical density at
375 nm (due to the reduction of the Ag! to the Ag® species).

The pH of the reaction mixture was checked period-
ically during the course of the reaction (Control Dynamics, di-
gital model), and found to remain constant. Since the
grey-colored Ag® species was formed as the final reaction prod-
uct, care was taken to ensure that the reaction mixture re-
mained homogeneous for the duration of the kinetic runs.
It was observed that there was no precipitation during the
course of the kinetic runs.

The stoichiometry of the reaction was determined in the
following manner: reaction mixtures containing NaBHj
and an excess of Ag!! were allowed to react at 15°C for 24 h
under nitrogen, and then analyzed, spectrophotometrically
at 375 nm for the Ag!" which was left. The results gave a
ratio of substrate to reductant according to the equation:

2BH7 + 8Ag?t + 6H,O —
8Ag® + 2B(OH)s + 14 H+.

Analysis of the Ag(I) Intermediate. Two milliliters of the
reaction mixture were withdrawn within 1 min of the initia-
tion of the reaction, and spectrally analyzed over a range of
wavelengths from 300 nm to 900 nm. The dark colored
species!® was found to absorb at 375 nm, which was due to
the presence of the Ag! intermediate species. In an earlier
investigation, it was shown that Ag!! was reduced to an Ag!
species.1?

Product Analysis. A solution of NaBHj (2X10-3 M) in
100 ml of water, was mixed with a solution containing the
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Ag! complex (2X10-5 M) in HC1Oy4, and excess of Ag! solu-
tion (ionic strength adjusted to 0.05M by the addition of
NaClOQ,), and the reaction mixture allowed to stand at 15 °C
for 24 h under nitrogen. Greyish colored particles were pre-
cipitated along with a thin layer of shining silver mirror
formed on the walls of the reaction vessel. The reaction
mixture was filtered. The precipitate was washed with
distilled water, tested for the complete removal of Ag* ions,
and then dried. The filtrate was analyzed for the presence of
borate, as described earlier.1?

The precipitate (0.5187 g) was taken, and converted to
AgCl by the standard method,’® and gravimetrically
estimated as AgCl. The weight of AgCl was 0.6682 g, which
corresponded to 0.5029 g of silver. This value compared
favorably, within the limits of experimental error, with the
theoretical percentage of silver present in the final product
(theoretically, 100%; experimentally obtained by this
method, 96.9%). This confirmed that the silver was present
in the final product as Ag®.

Results and Discussion

Kinetics Results. The rates of the reactions (the
formation of Ag! from Agl! and the subsequent
conversion of Ag! to Ag® species) were dependent on
the first powers of the concentrations of each of the
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reactants (Table 1). The two rate constants have been
separated, and individually calculated as ki (conver-
sion of the Ag!! to the Ag! species) and k2 (conversion
of the Ag! to the Ag? species). Plots of k1 and ko,
respectively, versus a twenty-five fold range of
concentration of BH7j ions, gave a straight line
passing through the origin, indicating that the rate of
the reaction was dependent on the first power of the
concentration of BH7 ions. At constant BH7
concentration (large excess), the first-order rate
constants (ki and k2, respectively) did not change with
changing Ag?t ion concentrations (twenty-fold range),
which indicated a first order dependence on the Ag2+
ion concentration (Table 1).

The reaction was studied at varying pH (Table 1).
The logarithm of the rate of disappearance of Ag2+
ion divided by the tetrahydroborate ion concentra-
tion, was plotted against pH. The plot was linear,
indicating a first order dependence of the rate of the
reaction on the hydrogen ion concentration.

The reaction was influenced by changes in the
temperature (Table 1), and the activation parameters
have been evaluated and shown in Table 2. It has been
suggested!? that in the exchange of Ag! with Agll, the

Table 1. Rate Data for the Reduction of Ag!! by NaBH4 at 15°C (u=0.05M)
_[BHz] _[Ag"] pH 103k, /51 108ka/s™1
102 M 104 M Agh — Ag! Agl — Ag?
1.0 1.0 2.0 14.2 6.2
5.0 1.0 2.0 72.5 31.5
10.0 1.0 2.0 145.0 61.2
25.0 1.0 2.0 360.0 156.0
1.0 0.75 2.0 14.0 5.8
1.0 0.50 2.0 14.8 6.0
1.0 0.25 2.0 14.5 6.5
1.0 0.10 2.0 14.0 6.0
1.0 0.05 2.0 14.5 6.5
1.0 1.0 2.5 12.6 5.5
1.0 1.0 3.0 11.0 4.8
1.0 1.0 3.5 9.8 4.3
1.0 1.0 4.0 8.5 3.7
1.0 1.0 5.0 6.6 2.9
1.0 1.0 6.0 5.1 2.2
1.0 1.0 2.0 18.0v 7.4
1.0 1.0 2.0 20.9Y 10.5®
1.0 1.0 2.0 25.29 13.59
1.0 1.0 2.0 29.59 17.6®

a) 20°C; b) 25°C; ¢) 30°C; d) 35°C (all temperature corrections were +0.1°C). All values of rate constants were the

average of three experiments, agreement being +3%.

Table 2. Activation Parameters

Parameter Agll — Ag! Agl — Ag?
E 28+ 2k]J mol-! 43+2k]J mol—?

A 2X 10251 5X 10451
AH* 25+2k]J mol-! 40+2k]J mol-1

AS* —208+4 JK-'mol-!

—166+4 J K~ mol-1
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rate law was consistent with a disproportionation
mechanism

2Agll —_— Agl + Aglll

the rate of exchange being equal to the rate of the
disproportionation reaction at equilibrium. This
would necessarily imply that the rate constant for the
reverse reaction (the reaction between the Ag! and the
Ag! species) must be quite large. In the present
investigation, since excess Ag! has been added to the
initial Ag! solution, one might envisage the
suppression of the disproportionation reaction in-
volving the formation of the Ag!!! species. This would
enable the facile conversion of Ag!! to Ag! which has
been reflected in the activation parameters (Table 2)
for the first step of the reaction. The conversion of Ag!
to Ag? has been observed in this investigation.

Variations in the ionic strength of the medium
using NaClOy4 (range of ionic strength 0.01 to
0.075 mol 1-1), did not affect the rate of the reaction.

Under the present experimental conditions, the rate
law could be expressed as:

_ d[Ag(D)
d¢

Rate = = ko[ Ag(II) | BHy ][ H*]
where kqvs corresponds to the composite rate constant
for the reaction, which has been separated into the
individual rate constants, k1 and k2 (Table 1).

Mechanism. Since the rate of the reaction was
dependent on the concentrations of each of the
reactants, the first step of the reaction could be
represented as:

BH; + H+ —— H+*BHj. )

The redox steps following Eq. 1 would involve the
reaction of Ag!! with the tetrahydroborate species.
There is evidence from the hydrolysis of diborane!?
that intermediates of partially hydrolyzed boron
hydride compounds do exist, and that these inter-
mediates differ in their reducing capacities. In the
present investigation, the intermediate boron com-
pounds could not be isolated, although the reactions
of diborane with ice and with the ‘““bound water” in
silica gel do indeed suggest the existence of inter-
mediate boron compounds.!?

Molecular hydrogen reacts homogeneously with a
number of metal ions in solution, reducing them to a
lower oxidation state. For example, the mechanism of
reduction of Cu?t to Cut has been shown to be 20,20

Cu?* + Hz

—————= CuH* + H*

CuHt + Cu?t ————— > 2Cu* + Ht,
the intermediate CuH* being stabilized by covalent
bonding.

The reactions of Hg?*, Hgi*, and MnOj with
molecular hydrogen had indicated that hydrogen
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behaved as a two-equivalent reductant. Thus, the
mechanism for the reduction of Hg?+ to HgZt was
suggested to be:22

Hg?* + Hp ——— = Hg? + 2H*

Hg® + Hg2+ ___fa_st_% HgZt.
In the reactions with Hgi* and MnO7j, the rate-
determining step appeared to be a two-equivalent
reduction, leading to the formation of Hg3 and MnV,
respectively, as intermediates.

It has been earlier reported that acidic solutions of
Ag?* ions have been reduced to metallic silver by a
variety of reducing agents.2-28 Aqueous solutions of
AgClO,4 were reduced by hydrogen to the metal,?® a
homolytic cleavage of hydrogen being suggested as
follows:

2Ag* + H, 2 AgH*+

2 AgH* + Substrate —————= Products + 2 Ag*.

At lower concentrations of Agt, a heterolytic splitting
of Hz was proposed:39 ‘

Ag*+ H; —— AgH + H*

Substrate

AgH + Agt — Intermediate Products.

The effect of complex formation with ligands other
than water was studied by following the reduction of
silver complexes by hydrogen to the metal,3? and the
rate data indicated a heterolytic cleavage of hydrogen.
The reduction of silver-amine complexes to metallic
silver by hydrogen was investigated in an attempt to
correlate reactivity with ligand properties,3? thus:

[ Ag(NRs): J* + Ho —— Ag + 2RsNH+.

The kinetic results of the present investigation
would suggest a stepwise reduction of Ag?+ ions by
sodium tetrahydroborate. In the first instance, the
Ag?t ion would be reduced to Agl!, which in turn, is
converted to Ag®.

In the present investigation, the reaction sequence
could be represented as follows:

H* + BH; —> H*BHj
H*BH; ——>3B:Hs + Hy
4H, + 8Agtt — 8 Ag* + 8H*
8Ag* + BH + 3H;0 ——=>8Ag + B(OH)s + 7H*

%Bsz + 3H;0 ——= B(OH)s + 3 Ha.

The overall stoichiometric reaction is:
2BH; + 8Ag?* + 6 H;O — 8Ag? + 2B(OH); + 14H*

The intermediate formation of the Ag(I) species, and
also the formation of Ag? as the final product, have
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been confirmed by spectral and chemical methods, in
the present investigation.
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