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The [Os(NH)s(OH,)]?T complex in aqueous acid has been widely regarded as short-lived on the basis of results
reported in an early pioneering electrochemical studyore recently, a much longer-lived Os(ll) species generated

by reduction of [Os(NH)s(OH,)]3" but of uncertain composition has been repoftetih the present study the
lifetime of [Os(NHs)s(OH)]?" in aqueous acid was determined by steady-state voltammetry at a carbon
microelectrode and by comparing experimental with simulated cyclic voltammograms obtained for solutions of
[Os(NHa)s(OH,)]3". Rate constants for the oxidation of [Os(jJ5{OH2)]2" by H*, CH;COOH (HA), and HO

were evaluated dg; = 17 M1 s7%, kya = 1.2 M1 57, andky,o = 4.1 x 104 s7L. These values are shown to

be compatible with the data in ref 1 and come close to accounting for the long-lived species described in ref 6
which may be [Os(NRB)s(OH.)]?* itself. A revised value of 4.85 was measured for thé, pf [Os(NHs)s-
(OHp)13*. Adsorption of an Os complex on the surface of mercury, but not glassy carbon, electrodes is shown
to enhance greatly the rate with which protons undergo direct electroreduction.

The electrochemical behavior of the [Os(RJEOH,)]32+ acid. Our objectives were to employ electrochemical methods
couple in aqueous solutions was first examined by Gulens andto measure the lifetime of the reduced complex by taking
Page in a pioneering early studlyTheir results included the  advantage of steady-state voltammetry at microelectrodes and
indications that [Os(NE)s(OH,)]?" is rapidly oxidized by by utilizing a commercially available simulation program to
protons to produce [Os(N§(OH)]3t and H. Second-order analyze cyclic voltammogranis.The results reveal that [Os-
rate constants for this reaction in the range of cazgpx 1P (NH3)s(OHy)]?" reacts with protons at a much lower rate than
M~1s~1 were obtained from polarographic and cyclic voltam- suggested by the results of Gulens and Page.addition, we
metric data obtained with strongly buffered solutions of [Os- obtained a revised value for theKp of [Os(NHs)s(OH,)]3"
(NH3)s(OH)13". Subsequent workers have relied upon this (4.85) that is somewhat lower than the value estimated in ref 1
report in analyzing the behavior of solutions of [Os(§gH (5.3) and regularly quoted in the subsequent literature.
(OH)]?*.278 In one recent repoftevidence was presented in Experimental Section
support of the proposal that an Os(Il) complex produced by )
the reduction of [Os(NBs(OTf)]2+ (OTf~ = CF:S05~) with Materials. [O_s(NHs)s(OTf)_](OTf)z (OTf =_CF3$O;) was prepared
Zn(Hg) in aqueous solutions survived for times much longer f:]om r?sq (A'd”Ch)”"?‘cccf’.rd'Tg todthe p“b"srl‘led péoged&eg?ept_
than would be compatible with the rate constant found by Gulens 8t the microcrystalline final product was collected by centrifugation

instead of filtration. [Os(NH)s(OH,)](OTf); was prepared by the
and Pagé. It was concluded that a complex of Os(ll) that was procedure of Lay et #l.CH;SO;Na (Aldrich) was recrystallized from

not [Os(NH;)s(OH)]*" must have been formed to account for  ,0. other chemicals were reagent grade and were used as received.
the observed longevity of the reduced complelowever, the The pH of unbuffered supporting electrolyte solutions was adjusted
actual lifetime of [Os(NH)s(OHy)]?" itself in aqueous acid is by addition of aliquots of 0.1 M NaOH or 0.1 M GBOsH solutions.

far greater than would be expected from the rate constants inLaboratory deionized water was further treated by passage through a
ref 1. In fact, additional voltammetric data reported in the same purification train (MilliQ Plus).

study with unbuffered solutions of [Os(N)4(OH);]3* (but not Apparatus and Procedures. Conventional electrochemical cells
analyzed to obtain a rate constant) are not compatible with the and commercially av_allable |nstrumentat|on were employed. The 0.24
high values of the rate constant {8) x 106 M~ s-%) obtained cn? glass_y carbon dlsk_electrode (P_lne Instrument Co.) was used for
in acetate buffers. Much smaller rate constants for the oxidation both cyclic voltammetric and rotating disk measurements. It was

. polished with moist 0.0xm alumina on a polishing wheel before each
2+
of [Os(NH;)sOH|*" by protons result if these data are analyzed get of measurements. A microelectrode was constructed by sealing

by means of digital simulation procedures that were unavailable (nder vacuum) a carbon fiber (diamete0.012 cmy in a fine tapered

at the time that Gulens and Page conducted their experirhents. glass capillary by adapting the procedure of Bard é@ ah hanging
Since the [Os(NR)s(OH)]?>t complex can be a very useful  mercury drop electrode (EG&G Princeton Applied Research Model
synthon in the preparation of other complexes of Os{\H 303) was employed for some measurements. Potentials were measured
and Os(N |-:;)52+,5,6 we decided to re-examine the electrochem- and are reported with respect to a saturated calomel electrode (SCE).
istry of [Os(NHs)s(OH,)]3+ and [Os(NH)s(OH2)]2+ in aqueous Experiments were conducted at the ambient laboratory temperature,

24+ 1°C.
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OTf]"). A similar electron-transfer-catalyzed aquation of
[Os(NHg)sX]2" (X~ = CI—, 17) was proposed by Gulens and
Page! The essential identity of the voltammograms in Figure
B 1A,B means that cyclic voltammetry does not provide a means
for distinguishing between the aqua and OTomplexes of
Os(NH;)s*.
The cathodic peak currents of voltammograms like those in
Figure 1A,B are proportional to the potential (scan réte)
Ilow\ (Figure 1C). From the slope of the line in Figure 1C a diffusion
coefficient of 6.3x 1076 cn? s~1 was calculated for [Os(N-
(OH)]3". This value is smaller than that reported by Gulens
A and Pagk(9 x 107%cm? s, but it is in line with the reported
value for Ru(NH)e (6.2 x 1076 cm? s71).12
Cyclic voltammograms recorded at a scan rate of 50 mV s
with solutions of [Os(NH)s(OH,)]3" in unbuffered supporting
electrolytes between pH 2 and 4 exhibited no evidence of loss
-5 of the [Os(NH)s(OH,)]?" produced at the electrode surface
““““““ Bt (Figure 2A). At pH values above 4.5 it was necessary to employ
[T U SR NN IS (RN N B S S— buffered supporting electrolytes to prevent the appearance of
-04 0.6 0.8 -1.0 -1.2 double peaks caused by the substantial increase in the pH at
E. V vs SCE the electrode surface produced by the reduction of [OgfNH
’ OHI?* (upper curve in Figure 2B). With appropriate buffers
35 only a single peak was obtained (lower curve in Figure 2B),
C and it was possible to monitor the formal potential of the Os-
(11)/O0s(11) couple over a wide range of pH values. As is shown
| in the Supporting Information, a plot of the formal potential
(taken as the average of the cathodic and anodic peak potentials
20 of voltammograms like those in Figure 2A) vs pH consists of
horizontal and inclined portions that intersect at pH 4.85 which
& 15 corresponds to thelfp for reaction 1. This value is somewhat

LA

i

10 [0s(NHy)5(OH,)]*" = [OS(NH,)5(OH)]*" + H*
s J pK, =4.85 (1)

0 smaller than the Iga obtained by Gulens and Page from
0 005 01 015 02 025 spectrophotometric measurementap= 5.3 The Ka
yir v /S)m. evaluated from electrochemical data was confirmed by a pH
’ titration of a solution of [Os(NR)s(OH,)]3+ with standard base.
Figure 1. (A) Cyclic voltammogram for 0.81 mM [Os(Ng(OH,)]* The midpoint of the titration curve (cf. Supporting Information)
in unbuffered 0.1 M CHSQ:Na (pH~ 4). Scan rate: 50 mV'3. The also yielded a K value of 4.85. The variation of the formal

dashed curve was recorded in the pure supporting electrolyte. (B) As . . .
in (A) except that the solution was prepared by dissolution of solid Potential for the Os(I11)/Os(1l) couple with pH indicated that

[Os(NHs)s(OTH](OTH)2 just before the voltammogram was recorded. half-reactions 2a,b apply to the couple.
(C) Cathodic peak currents vs the potential (scan ¥atey voltam-
mograms like the one in (A). pH < 4.8:

found unbuffered CkSO;Na to be a good supporting electrolyte [OS(NH,)s(OH,)]*" + & = [Os(NH,)5(OH,)]*" (2a)
in which to inspect the electrochemistry of various Os-

(NHg)sL™H =1+ couples (L= OTf~, OH,, OH™). Shown in PH > 4.8:
Figure 1A is a cyclic voltammogram for a 0.8 mM solution of '
[Os(NHz)s(OH)]3* in 0.1 M CH;SO;Na recorded at the glassy Os(N OHYZ" + e + H* = [Os(N OHIIZ (2b
carbon electrode. The average of the two peak potenti@l97 [Os(NHY5(OH)] [OS(NHY5(OH,)™ (2b)
V, agrees with that reported by Gulens and Page, and the |4 Os(ll) complex produced in half-

reaction 2a or 2b
equality of the two peak currents indicates that the [Os{yHH

persists in aqueous acidic solutions for several minutes if the

2+ i i
(OHy)] q productdm;] the lreductlon 's stable for the-6 rs] concentration of protons is low. For example, curve A in Figure
required to record the voltammogram. In Figure 1B is Shown 35 the currentpotential curve recorded at a rotating disk

the voltammogram _obtallined_imrrrl]ediately after slolid [(I)SMHI electrode in a 1.1 mM solution of [Os(NM(OHZ)]*" in 0.1 M
(OTN](OT)2 was dissolved in the supporting electrolyte solu- cp soNa. The cathodic plateau current of 38 is the value

tion. It is essgrtially. identical to the vqltammogram for expected for the diffusionconvection-limited reduction of [Os-
[Os(NHs)s5(OH2)]*" in Figure 1A. The half-life for aquation (NH3)5(OH;)]3* to [Os(NHy)s(OH)]2". Curve B in Figure 4

ot .
O.f [.O S.(NH*)E’(OTf)] "is kn_own to be ca. 1_3 mifi so_the was obtained by treating a more concentrated solution of [Os-
s[m|lar|ty of the voltammetrlq responses in Figure 1A,B means (NH3)s(OH,)]3* with Zn(Hg) for a few minutes, transferring

either that the formal potentials of the aqua and Ofﬁbuplztis an aliquot of the reduced solution under argon to the same,
are about the same or that t.he aquation of [OMTH)] deaerated supporting electrolyte used in A, and immediately
is catalyzed within the diffusion layer at the electrode surface

by electron transfer between [Os(B)5{OTf)]** and [Os(NH)s- (12) Kovach, P. M.; Caudil, W. L.; Peters, D. G.; Wightman, R. 8.
(OHp)]?" (formed by the very rapid aquation of [Os(Nst Electroanal. Chem1985 185, 285.
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Figure 3. Steady-state currenpotential curves recorded at the rotated
glassy carbon electrode in 0.1 M @50O;Na (pH ~ 4). Rotation rate:
100 rpm. (A) Reduction of 1.1 mM [Os(Ngt(OH,)]3*. (B) Oxidation

of 1.1 M [Os(NH)s(OH,)]?". (The reduction of the Z also present
in the solution begins at ca-1.25 V.) The dashed line shows the
response obtained in the absence of either Os complex.

A
pH=213
t 1 1 ] 1 1 J. ] J

0.6 -0.8 -10 -1.2

E, V vs SCE

pH=2.53

B
pH=5.32

-]

0.6 -0.8 -1.0 -1.2 -14

E, V vs SCE

Figure 2. (A) Cyclic voltammograms for 0.72 mM [Os(N§$(OH,)]**
in solutions of 0.1 M CHSO;Na adjusted to the indicated pH values
with CH;SO;H. (B) Top curve, as in (A); bottom curve, after the L1 R S I Lt -
solution was buffered at the same pH with an acetate buffer (0.01 M). 0.6 0.8 1.0 0.6 0.8 -1.0

recording the currentpotential curve at the rotating disk E, V vs SCE

electr.ode. The current response is alm0§t entirely a.nodic, Figure 4. Comparison of experimental (solid curves) with simulated
showing that the [Os(NkJs(OH)]** produced in the reduction (dgshed curvesg cyclic voltar%mograms(for the redU():tion of 0.74 mM
by Zn(Hg) persists for the-23 min required to carry out the  [Os(NHs)s(OH,)]3* in unbuffered acidic supporting electrolytes of the
transfer and record curve B. With time, the anodic plateau specified pH. The simulation was based on the mechanism and
current of curve B diminished and the cathodic plateau parameters given in Scheme 1. Scan rate: 5 mVhe values ok
increased, as expected for the slow conversion of [Og[iNH af‘ld Ko used in the f|rplglat|ons were aflfOH?WSI (k) = 20 M’i
(OHy)|2* into a mixture of [OS(NH)S(OHI** and [Os(NH)s-  § e =43 X0 S B ke THT ML IS e = 44 X 107
(OHy)]2* through oxidation of the reduced complex by protons =~ - P 0 T A X ’ T

and air that could not be completely excluded from entering reactant that undergoes electro-oxidation in curve B, namely,
the solution during the continuous rotation of the electrode. It [Os(NHs)s(OH)]2.

is particularly significant that the half-wave potentials of curves  Rate of Disappearance of [Os(NR)s(OH2)]2" from Unbuf-

A and B in Figure 4 are essentially identical, as is to be expected fered Acidic Solutions. Difficulties in preventing leakage of

if the product of the electroreduction reaction in curve A is the air into solutions of [Os(NR)s(OH,)]2" in which rotating
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electrodes were operating led us to monitor continuously the agreement between the measured and calculated curves was
decrease in the concentration of the reduced complex by usingobtained using the values &f given in the figure caption. At

a carbon fiber microelectrode that was maintained at a potential,

—0.7 V, where the anodic oxidation of [Os(NJ(OH,)]?"

proceeded at a diffusion-controlled rate to produce a steady-

state current at the microelectrobfe A typical current-time
curve and a plot of the logarithm of the current vs time are
given in the Supporting Information. The latter plot was linear

pH 2.53 and 2.13 the calculated peak currents are smaller than
the experimental values because the reduction of protons directly
at the electrode surface (a process too complex to be reliably
included in Scheme 1) overlaps the Os-catalyzed reduction of
protons. The values dfy obtained from the simulations in

Figure 4 are reasonably constant with an average value of 17

with a slope corresponding to a rate constant for the disappear-M~1 s™1. The relatively small value df,,0 obtained from the

ance of [Os(NH)s(OH2)]2t of 4.1 x 104 s1 As the
concentration of [Os(NkJs(OH),]2" decreased, the pH of the
unbuffered supporting electrolyte increased@he apparent lack
of sensitivity of the rate of the decomposition reaction to this

experiments with the microelectrodie;fo = 4.1 x 1074 s71)
means that reaction 5 in Scheme 1 is unimportant at pH values

where reaction 4 proceeds rapidly enough to produce enhanced

cathodic peak currents. At pH values above ca. 3.5, reactions

change in pH suggested that water rather than protons was beingt and 5 are both too slow to produce significant effects on the

reduced by the [Os(Ngs(OH)]2*.
To obtain additional rate data at lower pH values where the

cathodic peak current even at scan rates as low as 5™V s
(Figure 4D).

reaction rates were faster than was suitable for the steady-state In ref 1 a second-order rate constant for reaction 4 of ca. 2

method just described, cyclic voltammetry was employed with
solutions of [Os(NH)s(OHy)]3". The experimental voltammo-
grams were compared with those calculated from a com-
mercially available program (Digisifpwith the rate constant

x 10° M~1 s71 was calculated. However, this value was
obtained from cyclic voltammetric measurements conducted in
concentrated acetate buffer solutions where the species being
reduced by [Os(NkJs(OH,) 12" could have included C$#€OOH

for the decomposition reaction adjusted to obtain the best as well as H. To determine if this possibility might account
agreement between the experimental and calculated voltammo+for the much larger rate constant reported in ref 1 than the value
grams. The Digisim program requires that a reaction schemewe obtained in unbuffered solutions, we repeated the cyclic
be specified with appropriate kinetic parameters. The catalytic voltammetric experiments of Figure 4 with a supporting

reaction mechanism that was used is shown in Scheme 1.
The formal potential of half-reaction 3 was set at the value
measured at pH values below thipof the Os(lll) complex

electrolyte solution consisting of 0.1 M GHO;Na + 0.48 M
CH3COOH. The pH of the solution was 2.53, the same value
employed in Figure 4A where the source of the protons was

because we were interested in simulating cyclic voltammograms2.95 mM CHSO;H instead of 0.48 M CRCOOH. The

obtained at low pH values. The rate constant for the half-

resulting voltammogram (shown in the Supporting Information)

reaction was assigned a large value in keeping with the Nernstianexhibited such an intense catalytic current that no cathodic peak

behavior of the Os(II1)/Os(ll) couple. The equilibrium constant

or plateau was evident at a scan rate of 5 m¥. sHowever,

for reaction 4 was assigned a large value because the reactionwhen the scan rate was increased to 50 mV, s cathodic
is irreversible. The calculated voltammograms did not change shoulder became evident in the cyclic voltammogram. A

if the values ofks and K4 were increased or decreased by 1

voltammogram was calculated with the Digisim for the higher

order of magnitude. The actual mechanisms of reactions 4 andscan rate by adding reaction 6 to those in Scheme 1 to describe
5 are unimportant to the simulation. The essential feature is the operative reaction mechanism. The valuekgf that

the stoichiometry of the totally irreversible reactions in which
the Os(ll) complex is oxidized. The rate constant for reaction

Kiia
2
4 was varied in the simulations to obtain the best agreement[OS(NHp)s(OH,)]*" + CH,COOH—

with experiment. Reaction 5 was also treated as irreversible,

and its rate constant was assigned the value of41074 s71

on the basis of the kinetic data obtained with the microelectrode.

The diffusion coefficients of both complexes were taken as 6.3
x 107 cn? s71, and that for B was taken as Xk 1074 cn?
s

Scheme 1
[OS(NHy)S(OH)1** + & < [Os(NH,),(OH),12*
E°=-0.975V,k,> 1Fcms " (3)
[Os(NHy)5(OH),1*" + H" il [0Os(NHy)5(OH),]*" + 0.5H,
K, > 10" (4)
[0S(NHy){(OH),]%" + H,0 S,
[0s(NHy)5(OH),]*" + 0.5H, + OH~
K>10"k,o=4.1x10"*s " (5)

In Figure 4 are shown the experimental (solid curves) and

the simulated (dashed curves) voltammograms. Reasonabl

(13) Wightman, R. M.; Wipf, D. O. IrElectroanalytical ChemistryBard,
A. J., Ed.; M. Dekker: New York, 1986; Vol. 14.

[0s(NHy)<(OH,)]*" + 0.5H, + CH,COO
K > 10" (6)

produced the best agreement between the calculated and
experimental voltammograms (cf. Supporting Information) was
1.2 M~1s~1, With the solution containing 0.48 M GE&OOH
this value ofkya means that reactions 4 and 5 of Scheme 1
contributed very little to the enhanced cathodic peak currents
obtained in solutions containing GAIOOH. The enhanced
current is provided almost entirely by reaction 6.

The rate constant of & 10° M~1 s given by Gulens and
Pagé was calculated without including the possibility of reaction
6 in the mechanism. In the acetate buffer solution employed
in ref 1 (([CHCOOH] = 1.2 M, [H"] = 5 x 10°° M), the
pseudo-first-order rate constant actually measuked,= 10
s~1, must have been a compositks,s = kya[CH3COOH] +
kq[H*]. With kq = 17 M1 s71, the second term is negligible
and one calculatelgyy = 8 M~1 s71, which is larger than the
value kua = 1.2 M~1 s71) used to obtain the best agreement
between calculated and experimental voltammograms. How-
ever, the substantial improvement in the agreement between the

dwo values supports the suggestion that Gulens and Page

measured the catalytic reduction of acetic acid and not protons.
Adsorption of Catalytically Active Species on the Surfaces
of Electrodes. Gulens and Page examined the electrochemistry
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of [Os(NHs)s(OH,)]3 at mercury electrodéswhile glassy
carbon electrodes were employed in the present study. The
magnitudes of the currents for the catalytic reduction of protons
in unbuffered acidic solutions as reported by Gulens and Page
correspond to values dfy much larger than the value we
measured at glassy carbon electrodes. To examine the origin
of this discrepancy, we carried out experiments with a hanging
mercury drop electrode under conditions similar to those used
by Gulens and Page. For example, the solid curve in Figure
5A shows the voltammogram obtained with a hanging mercury
drop electrode in a supporting electrolyte adjusted to pH 2.53
at a scan rate of 50 mv-& There is substantial catalytic
current, but if a glassy carbon electrode is used in the same
solution (dashed curve in Figure 5A), there is essentially no
catalyzed reduction of protons. This comparison makes it clear
that the catalysis is much enhanced on the mercury electrode.
The catalytic reduction of protons at mercury is so rapid that
the anodic current for the oxidation of [Os(ME(OH,)]2*
generated in the solution at the electrode surface is masked by
the large cathodic current that continues to flow at the potential
(—0.95 V) where the anodic peak would appear (solid curve in
Figure 5A). ) 1 1 ] 1 ] 1 ]

The higher catalytic current density at mercury than at glassy -0.8 -1.0 -12 -14
carbon electrodes appears to be the result of the spontaneous
adsorption on Hg (but not on glassy carbon) of an Os complex E, V vs SCE

that is highly active as an electrocatalyst for the direct,
electrochemical reduction of protons. The spontaneous adsorp-
tion of such an electrocatalyst was demonstrated by results
obtained with a much more dilute solution of [Os(§H
(OHy)]3* as summarized in Figure 5B,C. The solid curve in
Figure 5B is a cyclic voltammogram recorded immediately after
the mercury electrode was placed in «5.0~° M solution of
[Os(NHs)s(OH,)]3" in a supporting electrolyte containing 10

M protons. The concentration of [Os(NJd(OH,)]3* is so low

that its reduction produces only the small wave ne@r95 V.

The prominent wave nearl1.1 V results from the catalyzed
reduction of protons. The dashed curve in Figure 5B, recorded
in the absence of [Os(Ng(OH,)]**, shows that the uncatalyzed
reduction of protons does not commence befefied V. The
curves in Figure 5C were recorded at the same mercury electrode
at various later times. The current for the reduction of protons
increased and the peak potential shifted to even more positive
values, presumably because the quantity of electrocatalyst
adsorbed on the electrode surface increased. To demonstrate
that the catalyst was attached to the electrode surface, the
solution used in Figure 5C was carefully drained away from
the hanging mercury drop electrode and replaced with the Os-
free supporting electrolyte. The cyclic voltammogram shown
in Figure 5D was then recorded. The reduction of protons
continued to be catalyzed to yield a prominent cathodic wave E, V vs SCE

which persisted for several minutes. However, when the Figure 5. Cyclic voltammetry of [Os(NH)s(OH.)]3* recorded at a
mercury drop was dislodged and replaced by a fresh electrode hanging mercury drop electrode. (A) Solid curve: 0.88 mM [Os-

a cyclic voltammogram that matched the dashed curve in Figure (NH)s(OHz)]** in 0.1 M CH;SO:Na adjusted to pH 2.53 with GH
5B was obtained. SOsH. S= 2 uA. Dashed curve: Voltammogram obtained in the same

. . solution with a glassy carbon electrod®= 12.5uxA. Scan rate: 50
An attempt was made to obtain an electrochemical responsemy s (B) Solid curve: Mercury electrode; 0.05 mM [Os-

from the species on the mercury electrode surface that is (NH3)s(OH2)]3" in 0.1 M CHsSOsNa adjusted to pH 3 with C$OzH.
responsible for the catalytic reduction of protons. However, Dashed curve: Voltammogram recorded in the pure supporting
transfer of a mercury electrode like the one in Figure 5D to a gliﬁgggéeﬁfdcig erﬁti S%Se\gfo(%)ez%?eﬁr? ffo(rB gf%ﬂrﬁrr'thﬁt%e{ecfltj)rylo

: : X utl | ,
_neutral, 0.1 M solution of CESQ:Na, where the catalytic current 15, 25, and 85 min. (Dp) Voltammogram obtained with g:he electrode
is much smaller, produced no detectable response from a,qeq in (C) after the solution was carefully replaced with the pure
surface-confined species. Thus, either the active form of the sypporting ‘electrolyte without dislodging the hanging mercury drop.
electrocatalyst is present in quantities too small to detect or else
it is not electroactive within the accessible range of potentials. the adsorbed state than in solution. Whatever the nature of the
One possibility is that the catalyst is [Os(M(OH,)]2" electrocatalyst, its presence on the mercury electrode surface is
adsorbed in minute quantities and more catalytically active in evident from the results in Figure 5 which help to explain the

-0.6 -0.8 -10 -1.2
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otherwise puzzling difference between the high rates of catalytic by Call et al® Contrary to their report, we found that 100% of

reduction of protons in unbuffered supporting electrolytes
observed by Gulens and Pagend those observed at glassy
carbon electrodes in the present study.

Discussion

The results of this re-examination of the electrochemical
behavior of the [Os(Nk)s(OH)]*"2" couple have shown that
the reduced form of the complex is considerably longer-lived

the Os(Il) complex produced by reduction of [Os(NsDTf]2+

or [Os(NH)sOH,]3+ with Zn(Hg) gives rise to an anodic
response at the same potential where [Os{MEH,)]3"
undergoes electroreduction (Figure 4A) and where the product
of the electroreduction is electro-oxidized (Figure 1). The rate
constant we estimated for the reduction ofdHby [Os(NH)s-
(OH)1?*, kin,o = 4.1 x 1074571, is only ca. three times larger
than the value evaluated by Call et®afrom the rate of

in aqueous media than had been suggested in the earlier reporélisappearance of the species that reacted rapidly with acetone

of Gulens and Page.The combination of the data presented
in this study indicates that [Os(Nj$(OH2)]2" reduces water,

(at 24 instead of 22C) in solutions prepared by the reduction
of [Os(NHs)sOTf]2" with Zn(Hg). Given the uncertainties

protons, and general acids along three parallel reaction pathwaydnherent in the kinetic measurements and the fact that Call et
with the dominant pathway determined by the solution pH and al.° were unable to detect the anodic electrochemistry of [Os-
the concentration of general acid (HA) present. The observed (NHz)s(OH2)]?* that was observed by Gulens and Pagyed in

rate constant for the oxidation of the reduced complgys

the present study, we believe that the reduced complex examined

can be expressed as in eq 7 and the values estimated for th&y Call et al. may, in fact, have been [Os(B)HOH)]*".

Kobs= Ko + KuH '] + Kya[HA] ()

three rate constants akg = 17 M~ s, kyp = 1.2 Mt st
for HA = CH;COOH, andky,0 = 4.1 x 10*s™1. The relative

values of these rate constants are not unreasonable considerin

The pH dependence of the formal potential of the [Os{¥H
(OH)]2"/[Os(NHs)s(OHy)]2" couple shown in Figure 3A has
consequences when Zn(Hg) is used to reduce the Os(lll)
complex. If the reduction of pO by the Os(ll) complex causes
the pH of the solution to increase above ca. 5.6, so that the
Bjrmal potential of the Os(lIl)/Os(ll) couple becomes more

the relative strengths of the three acids. The rate constants ard'egative thanca-1.0V, %f(Hg) becomes too weak a reductant
also compatible with the results of Gulens and Page. In © reduce [Os(NB)sOH]*" and preparative procedures that

particular, they account for the higher catalytic currents in

concentrated acetate buffers than in unbuffered solution at the

same pH and the lack of catalytic reduction currents in
unbuffered solutions of [Os(Ng5(OH)]?+ at pH 7 at scan rates
as low as 10 mVsk! The small catalytic currents reported at

pH 4 (unbuffered) by Gulens and Page probably resulted from
the reduction of protons directly at the electrode surface

depend upon the continuous reduction of this complex will fail.
This feature may be one of the reasons that freshly activated
Mg, a much stronger reductant, is sometimes specified as the
reducing agent to be used in preparing solutions of OX(F).

the pH of reactant solutions is controlled appropriately, we have
observed Zn(Hg) to be an entirely satisfactory chemical reduc-
tant of [Os(NH)s(OH)]?* as well as [Os(NK)s(OH2)]3+.

catalyzed by an adsorbed complex as demonstrated in Figure Acknowledgment. This work was supported by the National
5. The same phenomenon, i.e., catalysis by an adsorbed OsScience Foundation. Helpful suggestions and comments from

complex, would also account for the observatitivat controlled
potential electrolysis of solutions of [Os(NJOH,]3" at

Prof. W. D. Harman were greatly appreciated. Dr. Minglian
Shi’s assistance in the preparation and use of the microelectrode

mercury pool electrodes consumed more than one electron pemwas invaluable.

Os(lll) and led to the continuous reduction of protons.

The value of the Ka for [Os(NHz)s(OH,)]3* evaluated from
both the pH dependence of the formal potential of the
[Os(NHg)s(OHy)]3+/2+ couple and by direct titration of a solution
of [Os(NHa)s(OHy)]3t was Ka = 4.85. This value is about

Supporting Information Available: Three figures containing (i)
a plot of the formal potential of the [Os(NJ(OH,)]3™2+ couple vs
pH, (ii) the pH of a solution of [Os(Nk)s(OH2)]*" during its titration

with standard NaOH, (iii) the time dependence of the steady-state

anodic current for the oxidation of [Os(NJd(OH.)]?" measured with

0.5 K units lower than the value obtained by Gulens and Page & carbon microelectrode and the corresponding plot of In(current) vs

from a less direct spectrophotometric metfoVe believe the

lower value to be the more reliable estimate. It corresponds to
a weaker acidity of the Os than of the corresponding Ru complex

(pKa = 4.114) which may be attributed, in part, to the larger
size of the Os complex.

time, and (iv) cyclic voltammograms for the reduction of [Os-
(NH3)s(OHR)]3" in the presence of 0.48 M GBOOH at scan rates of

5 and 50 mV s! and a voltammogram calculated using Digisim at the
higher scan rate (3 pages). Ordering information is given on any current
masthead page.

The results obtained in this study did not provide evidence 1C961522B
for a second form of the reduced Os(Il) complex as proposed (15) (a) Harman, W. D.; Taube, #horg. Chem 1987, 26, 2917. (b) Myers,

(14) Kuehn, C. G.; Taube, H. Am. Chem. Sod 976 98, 689.

W H.; Koontz, J. |.; Harman, W. DJ. Am. Chem. S0d992 114
5684.



