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The kinetics of oxidation of Nil'L by Br,” and OH radicals in aqueous solutions were studied. The kinetics of the aquation
reaction Ni'MLBr?* — NilllL + Br~ was found to be base catalyzed. The pK of the reaction Nil'lL3* = NillL(OH)**
was determined, pK = 3.45, and the redox potential of the couple Ni''L3*/Ni"L?* is 1.34 V. The mechanism of decomposmon
of NillL is discussed. The spectra of the different intermediates are reported.

Introduction

An increased interest in the chemistry of transition-metal
complexes with uncommon oxidation states has developed in
recent years,! Complexes with unstable oxidation states were
suggested as intermediates in catalytic, electrocatalytic, and
biological redox processes. A special group of such complexes
are those with macrocyclic ligands which were shown to
stabilize uncommon oxidation states mainly in aprotic media.?

Trivalent nickel complexes are an example of complexes
with uncommon oxidation states. A series of stable Ni(IIT)
complexes with macrocyclic ligands in aprotic solvents was
reported.” Furthermore, Ni(III) complexes were suggested
as unstable intermediates in catalytic®’ and electrocatalytic®
oxidation processes in aqueous media. Recently, stable Ni(III)
complexes, in aqueous media, with EDTA*!0 or tetrapeptides!!
as ligands were reported.

We have decided to study the oxidation of Ni''L (where L
= 5,7,7,12,14,14-hexamethyl-1,4,8,1 1-tetraazacyclotetrade-
ca-4,11- dlene) by Br,” with the hope of obtalmng the following
information.

(a) We believed that the ox1dat10n process will follow the
inner-sphere mechanism of eq 1. Thus ligand-exchange

k
NillL2* + Br, —» NillBr2* + Br- (1)
reaction 2 could be studied. This would be the first ligand-
NillLBr2* — NilIlL** + Br- )

exchange reaction studied for a Ni(III) complex with.a
low-spin d7 electron configuration.

(b) We hoped to obtain information concerning the chemical
properties of Ni'l'L, e.g., the mechanism of decomposition, the
redox potential, the acid dissociation constants of coordinated
water, and the absorption spectra of Ni'LBr?*, NilllL-
(H,0),**, and Ni'lL(OH)(H,0)%*.

Experimental Section

Materials, The ligand as its perchloric salt LH,(ClO,), was
prepared by adding slowly 27 g of HCIO, to a cold solution of 400
mL of acetone and 17.6 g of ethylenediamine. The ligand was obtained
as a white precipitate which was washed with cold acetone and dried.
The complex NiL(ClO,), was prepared by refluxing nickel acetate
with the ligand in a 1:1 mixture of ethanol and water. The yellow
precipitate was recrystallized from water. Anal. Caled: C, 35.70;
H, 6.30; N, 10.55. Found: C, 35.69; H, 5.95; N, 10.41. All other
materials were of AR grade and were used without further treatment.
All water used was triply distilled.

Procedure. Most of the optical studies were carried out at the
electron linear accelerator at the Hebrew University of Jerusalem.
Pulses of 5-MeV electrons, 200 mA, 0.1-1.5 us were used. The dose
per pulse was 1003000 rd, 1 rd = 6.24 X 1083 eV g!. The procedures
for preparation of samples, irradiation, observation of the optical
changes, and evaluation of the results were described earlier in detail '

*To whom correspondence should be addressed at Ben-Gurion University
of the Negev.

Table I. Rates of Reactions Following the Formation of
NilMLBr?* in Acidic Solutions®

10° X 102 X 107 x

INSIL2#) ) [Bro),  ky,®  k,, S 107%k 4
pH M M s! s Mt s?
3.0 2.0 1.0 2.8 133 53
4.0 1.0 3.2 119 35
7.0 1.0 3.4 115 31
10.0 1.0 35 118 25
4.0 2.0 148 53
4.0 4.0 158 116
4.0 7.0 153 260
4.0 10.0 4.4 e 360
3.5 4.0 1.0 3.2 83 15
4.0 0.1
3.9 4.0 1.0 63 7.2
4.4 4.0 1.0 3.6 67 3.5

@ All solutions were N, O saturated. P First reaction observed;
for identification as k,, see Discussion. € Second reaction
observed; for identification as &, see Discussion. ¢ Third
reaction observed corresponding to reactions 14 and 15; see
Discussion. € Could not be measured due to increase in rate
of last reaction.

The conductivity studies and some of the optical measurements
were carried out at the Van de Graaff generator at the Hahn-Me-
itner-Institute in Berlin. Pulses of 1.6-MeV electrons, 25 mA, 0,5-5
us were used. The dose per pulse was 150-1500 rd. The procedure
and the equipment used were described earlier in detail.!?

Results

When N,O-saturated solutions containing (1-10) X 1072
M NaBr and (1-10) X 107° M Nil"L(C10,), in the pH range
3.0-10.5 are irradiated, the formation of unstable interme-
diates, with absorption bands in the visible and near-UV, is
observed. The absorption spectra of these intermediates at
different times after the pulse at pH 3.0, 4.9, and 9.5 are
plotted in Figure 1.

In solutions with pH <4.5, four consecutive reactions are
observed. The first reaction obeys a first-order rate law, the
rate observed being proportional to [Ni'L]. The specific rate
of this reaction is (9 £ 1.5) X 10° M1 s7! and is pH inde-
pendent in the range 3.0 < pH < 10.0. In acidic solutions,
3.0 < pH < 4.0, this reaction causes a decrease in conductivity
of 400 cm? Q! mol™!, The effect of pH and the concentrations
of Br~and Nil'L?* on the rates of the following three reactions,
the first two of which obey a first-order rate law and the third
a second-order rate law, are summed up in Table I. The
second reaction causes an increase in the conductivity of AA
~ 80 cm? Q' mol™! in the pH range 3-4. The third reaction
is also accompanied by an increase in conductivity which is
pH dependent; at pH >4.0 the conductivity increase at this
step.is about 320 cm? Q7! mol™!, i.e., the total conductivity
change from the pulse to this stage is zero, at pH 3.8 con-
ductivity increase in this step is about 175 cm? @' mol™, and
at pH 3.0 the conductivity increase in this step is small.

0020-1669/79/1318-0429801.00/0 © 1979 American Chemical Society
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Figure 1. Absorption spectra of the intermediates obtained in
N,O-saturated solutions containing 4 X 10 M Ni''L and 0.01 M
NaBr (the dose per pulse intensity was ~6 X 10" eV L"), (a) pH
3.0: (O) 6 us after the pulse, (A) 200 us after the pulse, () 50 ms
after the pulse (the left scale is for the 300—450-nm region and right
scale is for the 450-600-nm region). (b) pH 4.9: (O) 50 us after
the pulse, left scale, (O) 100 ms after the pulse, right scale, (A) 50
us after the pulse on a solution containing no bromide, right scale.
(¢) pH 9.5: (0) 15 us after the pulse, left scale, (O) 0.85 s after the
pulse, left scale, (A) 50 usec after the pulse on a solution containing
no bromide, right scale.

In neutral solutions, 5.0 < pH < 7.5, the first reaction
observed is followed by two consecutive reactions only. The
rates of these reactions were found to obey first-order rate laws
and were independent of the concentration of NillL or Br~.
The observed rates are summed up in Table II. The de-
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Table II. Rates of Reactions Following the Formation of
Nil’LBr in Neutral Solutions®

10% X

10 X [KH,-
pH  [Br’],M PO,|,M  k,0s™ kS st
4.8 1.0 80 0.068
4.9 0.014
4.9 1.0 140 0.052
5.2 1.0 1.0 4.7 x 10°
5.3 1.0 6.1 x 10*
5.4 1.0 6.6 X 10° 0.062
5.5 L0 380°
5.5 2.0 0.040
5.5 4.0 0.038
5.5 10.0 0.037
6.15 1.0 1.0 1.5 x 10°
6.2 1.0 6.4 X 10° 0.17
6.6 1.0 1.0 2.1 10°
7.2 1.0 1.0 7.0 X 10*

@ All solutions were N,O saturated. Ni!lL concentrations in the
range (2-10) X 107° M had no effect; most experiments were
carried out at 4 X 107° M. The dose per pulse was ~6 X 10'°
eV L-'. ® Pirst reaction observed after formation of interme-
diate; for identification as k,, see Discussion. € Rate of de-
composition of NiIHLOH“; see Discussion. ¢ Better described
as second-order reaction; see Results. ¢ The dose per pulse was
~6X 10'® eV L,

Table III. Rate of Decomposition of NilL in Alkaline
Solutions®

10° x 10% X
(NIL],  [Br,
pH M M k5™
8.2 4.0 1.0 0.76
8.4 4.0 1.0 0.90
8.6 4.0 10.0 1.16
9.2 4.0 1.0 4.0
9.5 1.0 1.0 7.8
9.5 2.0 1.0 7.7
9.5 4.0 1.0 7.8
9.5 4.0 2.0 8.0
9.5 4.0 7.0 4.6
9.5 4.0 10.0 3.8
9.6 2.0 10
9.6 7.0 11
10.0 4.0 1.0 19
10.5 4.0 1.0 52

%N, O-saturated solutions.

termination of the rate of the last reaction in this pH range
is rather inaccurate as it is somewhat too slow to be measured
using the experimental setup.

In alkaline solutions, pH >8.0, only one reaction following
the formation of the intermediate was observed. This reaction
obeyed a first-order rate law independent of the concentration
of Nil'L or Br~. The dependence of the rate of this reaction
on pH is summed up in Table III. The reactions at pH 8.2
are not accompanied by any change in conductivity,

The pH effect on the optical density due to the last in-
termediate, ~90 ms after the pulse, was measured. The results
are summed up in Figure 2.

N,O-saturated solutions containing (1-10) X 107° M
NillL(C10,), and no bromide, in the pH range 3.5 < pH <
9.6, were irradiated. In the whole pH range only two reactions,
the formation of an intermediate and its decomposition, were
observed. The formation of the intermediate obeyed a
first-order rate law, the rate observed being proportional to
[Ni"L] with £ = 2.5 X 10° M~! s7! at pH 5.7. The de-
composition reaction in the absence of bromide was pH de-
pendent; at pH 3.5 the reaction seemed to obey a second-order
rate law with 2k/e/ = 2.3 X 107! 574, though a first-order rate
of k= 2 X 102 57! could also describe the results. Again, due
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Figure 2. Optical densities of transient as function of pH after identical
pulses: (O) 320 nm, left scale; (O) 540 nm, right scale. N,O-saturated
solutions were used containing 0.01 M NaBr + 5 X'10~° M NillL,
and optical densities were measured 90 ms after the pulse.

to the slow rate of this reaction, only the first 2 half-lives of
it could be followed. At pH 4.9 the reaction seemed also to
obey a second-order rate law with 2k/el ~ 2 X 107! 57!, though
a first-order rate of ~1 X 1072 57! would also describe the
results. The preference of the second-order rate law is due
to the effect of dose on the rate. (The measurements were
carried out at 550 nm.) At pH 9.6 this reaction obeyed a
first-order rate law with k = 10 £ 1 57,

The spectra of the intermediate formed in N,O-saturated
solutions containing Ni''L and no bromide at pH 4.9 and 9.5
are plotted in Figure 1.

Discussion
The radiolysis of water can be summed up by eq 3, where

, €
H,0 —— ¢, H, OH, Hy, H;0,, H;0,;*  (3)

G =2. 65 GOH 2. 65 GH =0, 60 GH2 =0. 45 and GHZOZ

75 (G is defined as the number of product molecules
formed by the absorption of 100 eV by the solution.!*) In
N,O-saturated solutions, [N,0] =~ 2 X 1072 M and reaction

— k4
e+ N:O > OH + N; (4

ky=87x10° M1g1l3

4 occurs. As ke -nip = 7.8 X 100 M s 6 and [Ni'L] <
1 X107 M, all hydrated electrons are transformed into OH
radicals under the experimental conditions.!” In solutions
containing bromide, reaction 5 occurs.'® As koyinimp = 2.5

OH + Br~ = OHBr" (52)
+

H .
OHBr~ + Br- —— Br,” + H,0 (5b)
ks> 10°M1slTatpH £9.5

X 10° M1 57! (see above) and [Br7]/[Ni''L] > 100, it is clear
that all hydroxyl radicals are transformed under the exper-
imental conditions intg Br,™ radical anions. Thus, the only
radicals which might participate in the reactions studied under
the experimental conditions are Br,” and H atoms with a
relative yield of 9:1.

The rate of formation of the first transient in this study, 9
X 10° M~ 57, is considerably higher than ks = 9 X 108 M™!
s71.16 Furthermore, the absorption spectra observed for this
intermediate, at the different pH’s (Figure 1), differ con-
siderably from that of Ni'L formed in reaction 6.1¢ The latter
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H + NillL — NilL + H,0* (6)

reaction is also expected ito cause an increase, and not a
decrease, in conductivity. We conclude that the first reaction
observed in our study.at pH <7.5is eq 7. The conductivity

Br,” + NillL — NiL-Br + Br~ N
ky = 9.0 X 10° M1 51

change as a result of reaction 5 followed by reaction 7 is AA
= =A%,0+ — A% — A%\ + Al g ~ 400 cm? Q71 mol ™,
in agreement with observation.

The identification of the first product as Ni"L-Br is
supported by the following argument. The spectrum and
kinetic properties of the product formed in reaction 8 (in

OH + Ni''L — Ni'lL ®)
kg =25%x10°M 157!
solutions containing no bromide) are nearly identical with those

of the last intermediate formed in the solutions containing
bromide (Figure 1 and Table 1I). It is thus suggested that

'the second reaction observed in neutral solutions, 5 < pH =

7.5, is (9).
NillL-Br — Ni'lL + Br- 9)

The observation that the molar absorption coefficients
observed for the product of reaction 9 are somewhat larger
than those of the product of reaction 8 might be due to some
competition of the reaction OH + OH — H,0,, k = 1.1 X
10’ M~! 57!, and more probably to a side reaction in which
OH radicals add to the double bond of the ligand. It was
suggested'® that OH radicals react with Co!'L by addition to
the double bond on the ligand with k = 3.2 X 10° M 157l It
seems that in this respect the ML complexes resemble the
MUNTA complexes, NTA = nitrilotriacetic acid, where the
reactions Ni'"NTA + OH — Ni'!NTA and Co'NTA + OH
— CoIN(CHCO,)(CH,CO;"), were shown to occur.’ The
plausible reasons for this unexpected observation (as Col'L
and CoNTA are stable and Nil'L and Ni''NTA are
unstable) were discussed earlier in detail 2

The results, Table 11, indicate that reaction 9 is pH de-
pendent. The results seem to indicate a major increase in kq
when the pH changes from 4.9 to 5.3. This observation is
explained by the pH change caused by the pulse due to re-
actions 5 and 7. These reactions consume ca. 6 X 107 M
H,0" and thus cause a large increase in pH to solutions with
5 < pH < 9. Thus it is found, Table II, that kq depends on
the pulse intensity. We therefore checked the effect of the
addition of a buffer on ky. The results, Table II, clearly
indicate that reaction 9 is base catalyzed. It is thus suggested
that the third reaction in acid solutions, Table I, with k =~ 120
s7} corresponds also to reaction 9. At pH 8.2, kg ~ 2.5 X 10°
s7! and above this pH, reaction 7 becomes rate determining
and thus at pH 9.5 the formation of Ni''lL as the product of
reaction 7 is observed (Figure 1).

The observation that kg is base catalyzed is in agreement
with the known mechanism for ligand exchange of trivalent
metal complexes, e.g., Co(IIT). It is of interest to note that
the observed rate of &y is several orders of magnitude slower
than that observed for similar complexes of Col'L-X, though
both have a low-spin d” configuration.?! This result dem-
onstrates the charge effect on the ligand substitution rate in
complexes of this type.

The second reaction observed in acid solutions obeyed a first
order rate law, with k = (3.5 £ 0.5) X 10*s7!. The rate is
independent of pulse intensity and nearly independent of pH
and Ni''lL and Br~ concentrations (Table I). The reaction
causes changes in the shape of the absorption bands mainly
at 500 and 300-350 nm (Figure 1); however, it has nearly no
effect on the molar absorption coefficients. The specific
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conductivity change due to this reaction is +80 cm? 2! mol™.
The changes in the absorption spectra, Figure 1a, clearly
indicate that this reaction is not due to a decrease in
[Ni™LBr?*] as it is accompanied by an increase in absorption
at some wavelengths. The observations are best explained by
attributing this process to reaction 10 which is expected to

NiL Br,* — NillLBr?* + Br~ (10)

cause an increase in the conductivity similar to that observed.
If this suggestion is correct, then reaction 7 has to be rewritten
as 7a. However, as in no other system involving oxidation

NillL?* + Br,” — NilllLBr,* (7a)

by Br,, an intermediate concerning a bound Br,>” group with
a considerable lifetime was observed, we feel that this suggested
mechanism is speculative. It will be of interest if other studies
will corroborate this mechanism. Alternatively, reaction 10
must be considered a side reaction of unknown nature.
The absorption spectrum of the product of reaction 9, Nil'lL,
depends strongly on pH, Figures 1 and 2. The results indicate
a pK of 3.45 £ 0.1. This result is in agreement also with the
conductivity measurements. It is suggested that this pX is due
to equilibrium 11. This equilibrium has to be accompanied

H,0
NilllL3+ —— N{ll(OH)** + H;0* (11)

by a major stereochemical rearrangement of the complex in
order to explain the major changes in the absorption spectrum.
The strong absorption band of Ni'"L(OH)?* at 540 nm is
attributed to a d—d transition in a highly unsymmetrical
NillL(OH)?* complex.?2 In an earlier study it was suggested®
that when NilL’ is dissolved in water a free radical centered
on a nitrogen atom, with an absorption band at 540 nm, is

formed according to eq 12. As the only difference between

3+ 2+
H >]/\r H H W
\N N \N N
\Ni/ N K
[N/ \Nj — [N/N'\Nj ¥
P ~
H/)\)<\H H )\/k H

NilIIL':H 1
v YA
N N
A +
E hI¢ j + Hi0t (12)
N N
-~ ‘
H

Ak

2

the ligands L and L’ is that the latter is fully saturated, the
nature of the absorbing species at 540 nm in both systems is
expected to be similar. The observation that intermediates
with similar spectra are formed in nonaqueous solutions in the
presence of pyridine and triethylamine® suggests that under
those conditions the Ni'L’ complex has a similar configu-
ration. The identification of the red intermediate, with the
absorption band at 540 nm, as a mixture of 1 and 2, was based
mainly on the EPR spectrum of the intermediate which could
be roughly simulated assuming a 1.1:1 mixture of these
radicals.> However, it is plausible that the EPR signal observed
in this study does not belong to the red intermediate but to
one of its decomposition products; i.e., compounds 1 and 2
might be decomposition products of the red intermediate. The
authors themselves point out that under their experimental
conditions they observed also an EPR signal due to NilllL/?
Furthermore, it is unclear at what pH these studies were
carried out as the authors point out’ that 1 mol of H;O% is

2t
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released immediately upon dissolution of 1 mol of NiMlL’ in
water; on the other hand, they state that acidifying the so-
lutions to pH ~4.5 by the addition of strong acids inhibited
the formation of the red intermediate; as it is highly unlikely
that solutions containing less than 2 X 10~ M NilllL’ were
used, the starting pH of the solutions must have been higher
than 7. Finally the authors point out that upon cooling the
red solutions “the partially frozen samples consisted of a green
solid phase and a red liquid phase” indicating that the con-
version of the green form to the red one is “a truly phase-
change phenomenon”, Such a “phase change” fits better a
stereochemical rearrangement which might be affected by the
lattice of the solid than a chemical equilibrium reaction like
reaction 12.

Furthermore, it was shown that the intermediate with the
absorption band at 540 nm reacts with oxygen with k =~ 20
M- 5715 The latter rate is considerably lower than that
expected for aliphatic free radicals and similar to kyimepra+o,
=6.5X 10°m™ s71.% (The rate of reaction of secondary amine
radicals of the type R ;R,N- with oxygen is unknown; however,
knpg+o, = 3 X 108 M 57 in aqueous solutions.?%) All of the
other chemical evidence given in support of 1 and 2 as the
intermediate® would also fit Nill'L’(OH)%*.

Our preference for Ni"L(OH)?* as the intermediate is
based on the following observations:

(a) The pK value of 3.45 seems much too low for an amine
bound to a trivalent metal center. All other data concerning
nickel(I1I)-amine complexes indicate that such a pK is above
11,2 e.g., as observed for Co(III), Ru(III), and other trivalent
metal complexes.

(b) Our data indicate (see below) that the Ni''L complex
has a further pK above 11.0, and we attribute this pK to the
dissociation of the nitrogen—hydrogen bond.

(c) In the absence of bromide the rate of decomposition of
Ni'"L3* is very similar to that of Ni'L(OH)**. However,
the rate of decomposition of NilL** is expected to be
considerably lower than that of intermediates 1 and 2. We
observed, indeed, a base-catalyzed decomposition of NillL in
alkaline solutions which is attributed to a mechanism involving
intermediates parallel to 1 and 2.

(d) The rate of reaction of the red absorbing intermediate
with O, is low.

(e) The observed pK of 3.45 is in full agreement with
expectation for a trivalent metal inner-sphere water molecule
dissociation. Thus for CoL(H,0),** — Co'"L(OH)(H,0)**
+ H,0%, a pK of 4.2 was reported.?

We thus conclude that reactions 7, 10, 9, and 11 best
describe the mechanism of formation of Ni''"L(H,0),’* and
NilllL(OH)?* in the system studied.

The products of decomposition of Ni''L. were not char-
acterized.” The mixed first- and second-order rate law ob-
served in neutral solutions is in agreement with that observed
for Ni'fL’.3 In parallel to the latter study, we expect that the
products are a complicated mixture of ligand fragments and
complex 3. The latter is expected to be formed by dispro-

2+
H
SN
3

portionation of Nil'L(OH)?*, a reaction which should be
second order in Ni'"L. On the other hand, hydrogen-ab-
straction reactions between NillllL and ligand fragments are
expected to contribute to an observed first-order law. A
“mixed” rate law observed is thus expected in agreement with
the experimental observations.
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In alkaline solutions, pH =8.5, the rate of decomposition
of NiIHL(OH)2+ (or Ni'"L(OH),* which might exist in this
pH region) is pH dependent, the rate being pseudo first order
in [OH"], within experimental accuracy: d[Ni"lL]/d¢ = (2.0
%+ 0.5) X 10° [OH"]. This observatign can be explained by
reaction 13, with the assumption that intermediate 4 is

- -2+ +
~ed e
E )u: j + OH- == [ NiT ] + Hz0 (13)
Y
| 2 > !
) H !
/‘\:X Ki/k

i oH ] L oH |

4

considerably more reactive than Ni"L(OH)**. Similar
observations were reported earlier for Nij!ll-
(NH,CH,CH,NH,);** 12 and amine complexes of other
high-valent transition metals.?6-29

The decomposition of Ni'L3* in acid solutions containing
bromide ‘obeys a second-order rate law. The rate of this
reaction is proportional to bromide concentration; it increases
with decreasing pH and decreases slightly with increasing
Ni'L concentration (Table I). All of these observations are
in agreement with the mechanism of eq 14 and 15 (where

k
Nilll 3+ + Br- ——>7L NillL + Br. (14)
-14
k
Br- + NillL3* — NillL” + Br- + H,0*
or NillL + HOBr (15)

Nil'L” stands for an oxidized form of the ligand or a mixture
of Ni, ** and ligand fragments). The rate law obtained from
this mechanism with the assumption of the steady-state ap-
proximation for Br: is

d[NITL] 2k, ek s[NiTL]2[Br]
dt 7 k_,[NiTL] + kys[NiIL]

Remembering that reaction 14 is an abbreviated form of (14a)

k, : 3
NiL* + 2Br- === NillLBr** + Br- —*.kL
-8 -b

NiL2* + Br,” (14a)

and assuming that k., > k,, we obtain k4 = k,ky/k_,, and
ks=ky=k =9%x10° M5!, The results clearly indicate
the second-order dependence on [Ni'lL] and the first-order
dependence on [Br7]. The slight dependence of the rate on
[Ni'lL] indicates that under the experimental conditions
k_4[NiL] ~ ks[Ni"L] and as [Ni"'L] ~ 0.2[NilL], ks
~ Sk_;,. We could not increase [NiL] as at higher con-
centration NilL is formed by the competition between the
reactions e,g” + NilL and €, -+ N,O and by the reaction H
+ NillL (scc above) 1617 The kinetic data obtained at pH 3.0
fit k,, = 420 M's7'and k5 = 4.5 X 109 M 571, The latter
value is reasonable if reaction 15 is rewritten as Br,” + NillL3*
with the assumption of a diffusion-controlled rate. Re-
membering that k_, = kg = 120 57! at pH 3.0, we obtain k,k,
= 5 X 10% from the slight dependence of k4 on [Br], Table
I, k, =~ 1300 £ 300 M~ s7! can be calculated and therefore
kb ~ 40 M—1 S_l.

Finally, from k.4 = 420 Mt s, k1, =9 X 10° M 57!, and
the redox potential of the Br,”/2Br™ couple, E° = 1.77 V,3°
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the redox potential of Ni'"L3*/Ni"L?* can be calculated as
E°® =1.34 £ 0.05 V. This value is similar to that reported
for this complex in acetonitrile solutions.? The pH dependence
of the rate of decomposition of Ni''L in the presence of
bromide indicates that Ni'L(OH)?* is a considerably weaker
oxidizing agent in agreement with expectation.’!
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