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Kinetics of the Oxidation of Hydrogen Peroxide by the Tris(2,2'-bipyridine)-
nickel(m) lon in Aqueous Perchlorate Media: Comparison with Oxidation

by Aqua-cations

By Cecil F. Wells * and David Fox, Department of Chemistry, University of Birmingham, Edgbaston, P.O.

Box 363, Birmingham B15 2TT

A complex [Ni(bipy)s]3*+ has been prepared by the electrolytic oxidation of [Ni(bipy);]3*. The kinetics of the
oxidation of hydrogen peroxide by this complex in aqueous perchlorate media over a temperature range 3.0—40 °C
using both conventional and stopped-flow spectrophotometry show that the reaction is first order in [Ni(bipy)33+].

first order in [H,0,], and zero order in [H+].

No intermediate complexes are detected, and the zero order in [H+]
shows that the oxidation is not preceded by the substitution of H,0, into the inner sphere of Ni3+.

This oxidation

is compared with the reaction of H,0, with highly oxidizing aqua-cations.

KINETIC and spectrophotometric evidence shows 2 that
the equilibria for complex formation between hydrogen
peroxide and the aqua-cations Fel'(aq),® CelV(aq),?¢
Mnll(aq),%? Coll(aq),>8 and Ag'(aq) 2? are established
more rapidly than the rate at which the hydrogen
peroxide is decomposed; it is therefore reasonable to
suppose 11 that these complexes are intermediates in
the latter decomposition. The slow step in the oxidation
is the first-order decomposition of these intermediates 1710
and not the rate of formation of the complex.l! As
these cations M"*(aq) exist partially as M**OH~(aq) in
acidic solutions, and as HyO, has an acid-dissociation
constant ca. 200 times greater than that for water,!2 an
H,0, molecule adjacent to a highly polarizing cation
would be expected to exist partially as [HO,]™; in some
cases, these oxidations proceed predominantly by a
path involving M"*HO, (aq).}*® The involvement of
M™OH™(aq) and M"*HO, (aq) is deduced from the
form of the variation of the rate with [H*],11° although
it does not distinguish between M"*OH™(aq) + H,0, or
dissociation of M"*H,O,(aq) for the formation of
M"**HO, (aq). Kinetic investigations of the oxidation
of H,0, by aqua-complexes of Cu™ and Co™! where the
water in the inner-co-ordination sphere is partially
replaced by ligands containing nitrogen atoms show that
hydrolyzed species M»*OH ™ are involved here also, and
it is usually assumed that an intermediate complex with
H,0, is involved.18

In the course of attempts to prepare unusually high
oxidation states of transition-metal cations through
stabilization by complexing with ligands other than
water, [Ni(bipy)s;]3* prepared by the oxidation of
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tris(2,2’-bipyridine)nickel(11) perchlorate was found to
oxidize H,0, at a measurable rate: Ni¥*(aq) is too
unstable to study any of its reactions in aqueous acidic
solutions.!* This provides an opportunity to investigate
the oxidation of hydrogen peroxide by a cation where all
the water molecules in the inner-co-ordination sphere
have been displaced by non-acidic ligands. If the rate
of such a reaction were to be invariant with acidity, it
would confirm the interpretation of the acid variations
with aqua-cations as being due to the acid dissociation
of H,O and H,0, in the inner sphere of the cations.
Whether or not this oxidation proceeds through an
intermediate complex is also of interest in view of the
apparent necessity 11%13 for H,0, to be adjacent to the
oxidizing aqua-cation in the transition state.

EXPERIMENTAL

Materials—A solution of the lime-green tris(2,2’-bi-
pyridine)nickel(111) ion was prepared by anodic oxidation
under nitrogen of a suspension of tris(2,2’-bipyridine)-
nickel(i1) perchlorate in 2.0 mol dm™3 HCIO, at 5 °C.
Perchloric acid was of AnalaR grade; solutions of sodium
and lithium perchlorate were prepared by neutralization of
AnalaR HCIO, with AnalaR Na,[CO;] and AnalaR Li,[CO,]
respectively. G. F. Smith magnesium perchlorate was
used. Solutions of tris(2,2’-bipyridine)iron(11) sulphate
were prepared by dissolving the calculated weights of
AnalaR Fe[SO,]-TH,0 and 2,2'-bipyridine in distilled water.
Water was distilled once in an all-glass still. Solutions of
hydrogen peroxide were prepared by the dilution of 809,
stabilizer-free H,O, from Laporte and Co.

Analytical Methods.—Concentrations of Nilll were deter-
mined by rapidly mixing the solution with a solution of

? C. F. Wells and D. Mays, Inorg. Nuclear Chem. Letters,
1969, 5, 9.

10 V. S. Anderson, Acta Chem. Scand., 1948, 2, 1; 1950, 4, 914;
J. A. Christiansen and V. S. Anderson, ibid., p. 1538; W. G. Barb,
J. H. Baxendale, P. George, and K. R. Hargrave, Trans. Faraday
Soc., 1951, 47, 591; J. Koefoed, Acta Chem. Scand., 1955, 9, 283.

1 G. Davies and K. O. Watkins, J. Pkys. Chem., 1970, 74, 3388.

12 M. G. Evans and N. Uri, Trans. Faraday Soc., 1949, 45, 224.

13 (a) H. Sigel, C. Flierl, and R. Griesser, J. Amer. Chem. Soc.,
1969, 91, 1061; V. S. Sharma and J. Schubert, zbid., p. 6291;
Inorg. Chem., 1970, 10, 251; V. S. Sharma, J. Schubert, H. B.
Brooks, and F. Silicio, J. Amer. Chem. Soc., 1970, 92, 822; (b) 1.
Bodek and G. Davies, Inorg. Chem., 1975, 14, 2580; G. Davies,
R. Higgins, and D. J. Loose, tbid., 1976, 15, 700.

14 D. Fox, Ph.D. Thesis, University of Birmingham, 1974.


http://dx.doi.org/10.1039/DT9770001498

1977

excess of [Fe(bipy),]** and estimating the decrease in the
concentration of the latter ion spectrophotometrically at
522 nm wusing &= 8.65 X 10® dm® mol! cm™; the
[Fe(bipy)s)** produced (s 125 dm?® mol? cm™) does not
interfere with this determination.!* The concentration of
hydrogen peroxide in stock solutions was determined by
titration with Ce'V using ferroin as indicator.

Kinetic Measurements —Conventional rates were followed
in the thermostatted cell compartment of a Unicam SP 500
series 2 spectrophotometer -equipped with an external
flat-bed recorder. Fast reaction rates were followed in a
Durrum-Gibson stopped-flow spectrophotometer, and the
reaction trace was photographed on the storage screen of a
Tektronix oscilloscope. The temperature required was
attained by circulation of water from a thermostat or of an
ethanol-water mixture from a cryostat.

Preliminary rate measurements show that [Ni(bipy),]**
was stable in concentrated solutions of HCIO,, but that it
oxidized water at low [HCIO,].** Runs with H,O, present
were only carried out where the loss of Nilll through the
oxidation of water never exceeded 5% of the total Nilll:
in most cases, loss of Nilll from this cause was much less
than 5%, during the run. A solution of [Ni(bipy),}3* has a
very weak absorbance maximum at ca. 550 nm, with the
absorbance increasing continuously from 450 to 325 nm;
below 325 nm, [Ni(bipy),]** interferes considerably with
the absorbance from [Ni(bipy),]*.1¢ Rate measurements
were usually made at 350 nm where e~ 7 X 10® for
[Ni(bipy)s)** and € ~ 370 dm? mol™? cm™ for [Ni(bipy),]}2*.
The cation [Ni(bipy);)?* is solvolyzed rapidly in these
strongly acidic solutions and in the runs with conventional
rates the product is usually Ni%**(aq), but any delay in this
latter reaction relative to the oxidation of H,0, causes
negligible errors in the optical density measured against
a blank of distilled water. In the stopped-flow experi-
ments the product observed is usually [Ni(bipy),]**: any
error arising from the solvolysis of [Ni(bipy),;]?* between
the initial adjustment of the base line of the oscilloscope for
reaction products and the return of the trace to this base
line following an oxidation never exceeded 29%,.

RESULTS AND DISCUSSION

Stoicherometry—It was not possible to determine the
consumption of [Ni(bipy);]** by H,0, in conditions
where [Ni™] > [H,O,] in the [HCIO,] used for the
kinetic measurements owing to the high errors arising
from the oxidation of water by Ni'l. It is therefore
assumed that the overall stoicheiometry of this reaction
is analogous to that of similar oxidations of H,O, %6-911.13
where the product cation does not also reduce H,0,, as
in (1).

2Nilll | H,0, — 2Nill + O, + 2H* (1)

Preliminary Kinetic Measurements.—The first con-
ventional rates were determined at 21.0 °C at 360 nm in
conditions where the [H,0,] was in a large excess over
the initial [Ni111] with the ionic strength I maintained at
5.00 mol dm™3 by the addition of sodium perchlorate.
Plots of log(optical density) against time were always
linear, and a plot of the pseudo-first-order rate constant
k, taken from the gradients against [H,0,] at 5.00
mol dm HCIO, was linear. Therefore the reaction is
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first order in [Ni''] and first order in [H,0,]: values for
the second-order rate constant %, increased from
2.34 x 1072 dm® mol? s in 5.00 mol dm=3 HCIO, to
4.06 X 102 dm® mol? st in 1 mol dm® HCIO, at
I =5.00 mol dm™® maintained with added Na[ClO,].
However, in runs where initial [Nil'l] = 5 x 1075 mol
dm3, initial [H,0,] = 9.8 X 102 mol dm™ in 3.60
mol dm™ HCIO,, and with the same initial concentrations
of Nilll and H,0, but with [HCIO,] = 1.60 mol dm™
and I = 3.60 mol dm™ adjusted by the addition of
Li[ClO,], Na[ClO,], or Mg[ClO,],, the respective values
for A, at 21.0 °C were (in 103 s1) 1.46, 1.68, 1.82, and
2.88. This suggests that the above apparent small
change in rate with changing [HCIO,] at I = 5.00
mol dm™ may arise from the specific effect of changing
H* for Na* in the solution. All the subsequent runs
were performed at I = 2.00 mol dm3 with added
Li[ClO,] to provide a reasonable variation in [HCIO,]
with a minimal specific-ion effect: no differences in rate
were found at 7 =2.00 mol dm™® between added
Li[C1O,] or added Na[ClO,].

Rate Measurements with Added Li[ClO,] 4+ HCIO, at
Tonic Stremgth = 2.00 mol dm™3.—Under all the con-
ditions investigated, a large excess of [H,0,] over initial
[Nil] was used. For the stopped-flow runs, the initial
[Nif] ~1 x 10* mol dm™3, and for the conventional
runs the initial [Nil'l] ~5 x 10 mol dm™. None of

0 | 1 | [ 1
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FiGure 1 Plots of &, against [H,0,] at [HCIO,] = 2.00and I =
2.00 mol dm™ at various temperatures: (@), 32.0 °C, A = 10,
B=1.0; (O), 24.3°C, A =10, B=1.0; (H), 18.0 °C, A — 1.0
x 102, B =10 x 10%; and (O), 3.0 °C, A = 1.0 x 103,
B =10 x 10?

the traces from the stopped-flow experiments suggested

the participation of a rapid pre-equilibrium between the

reactants. In general, the stopped-flow traces were
recorded for 350 nm, and the change in optical density
in the conventional runs was followed at 360 nm.

At 24.3 °C the rates were accessible to both con-
ventional and stopped-flow spectrophotometry, depend-
ing on the conditions. The plots of log(optical density)
against time were linear, and Figure 1 shows that %,
plotted against [H,0,] at constant [HCIO,] gives a
straight line passing through the origin. Similar
linear plots of log(optical density) against time were
obtained for a range of temperatures, and Figure 1
shows that plots of %, against [H,0,] at constant {HCIO,]
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are linear at constant temperature. At 3.0 and 18.0 °C,
conventional spectrophotometry was used to follow the
rates, and stopped-flow spectrophotometry was used at
32.0 and 40.2 °C. The value of the second-order rate
constant £, is invariant with acidity at each temperature.
The average values for %, at each temperature recorded
in the Table give a straight line in Figure 2 for the plot

Values of &, at I = 2.00 mol dm™ with added Li{ClO,]

0. [HC1O,) 103[H,0,] ke
°C mol dm™3 mol dm™3 dm? mols™?
3.0 1.00—2.00 5.3-—24.6 0.096 -+ 0.003
16.0 0.50—2.00 2.46—12.3 0.26 + 0.01
24.3 0.50—2.00 4.92—1 100 0.34 4+ 0.02
32.0 0.50—2.00 144—580 0.56 1+ 0.01
40.2 1.00—2.00 144—288 0.72 4+ 0.04

of log k, against the reciprocal of the absolute tem-
perature. From the gradient of Figure 2 computed by
the least-squares procedure, the energy of activation
E=40-+2 kJ mol?; the entropy of activation
ASt = —126 4= 7 J K1 mol™* at 25.0 °C.

Mechanism of the Oxidation of H,0, by Cations.—
Although, as with the oxidatively unstable [Ni(NHj,),]3*,
[Ni(en)4]3* (en = ethylenediamine), and [Ni-
(glycine),]**,1® direct analytical identification of the
complex used here is not possible, one can show that
there is little doubt that it is [Ni(bipy);?*. The
maximum number of bipy molecules attached to cations
in this area of the Periodic Table is three.’®17 Equili-
brium measurements 1819 in aqueous solution show that
g = [M(bipy),]/[M][bipy]® (M = cation) is very high for
these complexes: in particular, B = 2.88 x 10® dm®
mol3 at 25 °C in 1 mol dm™ Na[ClO,] for M = Nill 18
the precursor of our complex, and g = 1.05 x 101® dm®
mol3 at 20 °C in 0.1 mol dm™3 Na[NO,] for M = Co!!,1?
the ion isoelectronic with Nilll. Spectral and crystallo-
graphic examinations 2 and other measurements 17 show
that these complexes exist as distorted octahedra with
both nitrogen atoms of all the three bipyridines attached
to the metal. Further, our complex, on reduction at
0 °C in aqueous perchlorate media, yields a precipitate
of [Ni(bipy);J[ClO4];. Therefore, as both the pre-
cursor to our complex and the product of its reduction
are [Ni(bipy)s]?*, it is highly unlikely that our complex
has anything but three bipyridines attached, involving
all the nitrogen atoms: as indicated below, any removal
of a nitrogen atom from the metal as a preliminary to
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Belova, Y. K. Syrkin, and G. G. Afanas’eva, 7bid., 1968, 18, 660.
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oxidation of H,0, would require the rate of oxidation to
vary with acidity, which is contrary to observation.

The low solubility ¥ of [Ni(bipy),]?* in aqueous
perchlorate media combined with the oxidative in-
stability of the higher redox state prevent high yields
of the latter being obtained in the electrolysis. The
high E° estimated for the Ni'l(aq)-Nil''(aq) couple
(8.1—5.5 V) 2! suggest that it is unlikely that any redox
state higher than Ni"! can be formed electrolytically.
The oxidation by Cl, and Br, in solution of octahedral
complexes of NilT with ligands chelated through N atoms
produces 22 low-spin 47 Nil'l; but these reagents will not
oxidize [Ni(bipy),]2*.2 Similarly, oxidation by electro-
lysis, HNO,;, or [NO][BF,] of Nill complexes with
square-planar cyclic amines # produces low-spin @7 Niltl,
as does the oxidation of Nill in [NiX4(PRy),] (X = Clor
Br; R = Me, Et, Pr, or Bu) 2 and in [NiCly(pdma),]Cl
[pdma = o-phenylenebis(dimethylarsine)}.?¢  Nickel(1v)
is only detected as a product in the electrochemical
oxidation of fluoronickel(11) complexes?’ or in the
further oxidation of Ni"T in [NiCly(pdma),iCl, using
concentrated HNO;; 2 but the electrochemical oxidation
of Nill in 859, K[OH] yields only Nil''.2% We therefore
conclude that there can be little doubt that the redox
state of our complex is Ni'l. This is supported by the
absence of any observation of a redox state intermediate

20~
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10%K/7

Ficure 2 Plot of log &, against the reciprocal of the
absolute temperature

between our complex and NiT in the oxidations in-
volving a range of substrates.l4

Unlike the oxidation of hydrogen peroxide by highly
oxidizing aqua-cations,™? there is no evidence for the
formation of a (cation + H,0,) complex in the oxidation
by [Ni(bipy)s®*. The zero order in [H*] shows that
the bimolecular interaction between solvated [Ni(bipy),]3*

23 1. B. Baranovskii and V. I. Belova, Russ. J. Inorg. Chem.,
1965, 10, 162.

24 N, F. Curtis and D. F. Cook, Chem. Comm., 1967, 962; D. C.
Olson and J. Vasilevskis, Inorg. Chem., 1969, 8, 1611; E. K.
Barefield and D. H. Busch, Chem. Comm., 1970, 522; A. Wolberg
and J. Manassen, J. Amer. Chem. Soc., 1970, 92, 2982; Inorg.
Chem., 1970, 92, 2365.

2 K. A. Jenson and B. Nygaard, Acta Chem. Scand., 1949, 3,
i;4; K. A. Jenson, B. Nygaard, and C. Th. Pederson, bid., 1963,

, 1126.

26 R. S. Nyholm, J. Chem. Soc.,

27 L. Stein, J. M. Neil, and G.
2472,

28 R. S. Nyholm, J. Chem. Soc., 1951, 2602.

20 'W. M. Vogel, Eiectrochim. Acta, 1968, 18, 1815.

1950, 2061.
R. Alms, Inorg. Chem., 1969, 8,
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and H,0, is not controlled by a slow replacement of a
ligand on Ni™' by H,0,. Such a replacement would
consist of a slow aquation followed by a rapid anation
with H,0,, and the aquations of [Fe(bipy)s]>* (refs. 30
and 31) and [Ni(bipy),]** (refs. 31 and 32) and of related
complexes 3! are catalyzed by protons requiring the rate
of aquation to increase with increasing [H*]. This is
supported by the observation# that [Ni(bipy),]®* is
stable at high acidities, and that its rate of disappear-
ance in the absence of added substrate increases with
decreasing acidity.’® The latter reaction is almost
certainly the oxidation of water by [Ni(bipy);®*, an
oxidation which occurs with aqua-cations having a high
redox potential, e.g. Co'(aq) (refs. 8 and 33) and
Ag'(aq).3* The absence of an acid dependence for the
oxidation of H,O, by [Ni(bipy);]2*, where there is no
H,0 or H,0, adjacent to the polarizing cation to provide
[OH]~ and [HO,]” in the inner-co-ordination sphere,
supports the mechanisms proposed for the oxidation by
Coll{aq) and Fel'l{aq), as discussed above.

The values of E and AS* for the oxidation relate to
the rearrangement of the system, including the solvation,
in the transition state sufficient to enable electron
tunnelling to occur between the ligand and cation.
The large overall positive AS? for M**(aq) + H,0, with
M"*(aq) = Colll(aq) (E 88 kJ mol?; AS* 69 J K1
mol1),2 Fell(aq) (E 152 kJ mol?; AS? 105 J K?
mol™),310 and cis-[Co(NH,),]3*(aq) 3 arises from the
loss of restriction on the solvent by the cation required
to facilitate the charge change accompanying the
electron transfer in the transition state, ASge.1,
dominating the increase in restriction imposed on the
solvent by the proton released from HyO,, AS;.k, t.e.

30 P, Krumholz, Nature, 1949, 163, 724; J. H. Baxendale and
P. George, ibid., 162, 777; 163, 725; Tvans. Favaday Soc., 1950,
48, 736; F. Basolo, J. C. Hayes, and H. M. Neumann, J. Amer.
Chem. Soc., 1954, 76, 3807.

31 F. Basolo and R. G. Pearson, ‘ Mechanisms of Inorganic
Reactions,” Wiley, New York, 1967, pp. 218—219 and 311—313.

32 F. Basolo, J. C. Hayes, and H. M. Neumann, J. Awmer.
Chem. Soc., 1953, 75, 5102.
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|ASeeot| > |ASptt|.  In contrast, for the large nega-
tive overall AS? of [Ni(bipy)]3* + HyO,, |ASyrert| >
|ASgect| : ASeie.t is smaller than for M"*(aq) due to the
remoteness of the water molecules from the centre of
the charge in [Ni(bipy);]3*. By analogy with CoI(aq)
and Fe'll(aq),2® it has been assumed 287 that the
preferred path involves M"*HO,~ rather than M"*H,0,
for M** = Mn'!(aq), Ce'V(aq), and Ag'(aq), requiring a
positive AS? with AS,.! absent for this individual
oxidative step. However, the observed large negative
AS* accompanying E ~ 0 for this step could arise if (2)

M""H,0,(aq) —» M®"D*(aq) + HO," + H*(aq) (2)

operates for these latter cations with |AS,.1] >
|ASeie.t| and simultaneous electron and proton transfers
rather than the sequential transfers preferred by
Co(ag) and Fe!'(aq) involving the ligand [HO,].
Alternatively, if [HO,]~ in the complex for M"* =
Mn™'(aq), CelV(aq), and Agl(aq) only partly penetrates
the aqua-sheath of M"*(aq), sufficiently to modify its
molecular orbital system and spectrum, the negative
AS? may arise from internal restrictions produced by a
contraction of the M"* 4 [HO,|~ distance in the tran-
sition state.?® The relation of Co™(aq) + H,0, to the
sequence of E° for M"*(aq) has already been discussed.?

It is not surprising that, as changes in the arrange-
ment of water molecules near M** play such a large part
in these oxidations, the rates and transition-state para-
meters for oxidation are similar ! to (but not equal to)
those for substitution by oxidatively inert ligands, which
is also largely controlled by the movement of water
molecules in the vicinity of a cation.
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