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The kinetic and spectral properties of pentavalent iron derived from pulse.-radiolytic reduction of aqueous ferrate(V1) by 2-propanol 
radicals have been characterized over the pH range 6.3-13. Three forms of iron(V) occur over this pH range, which are represented 
by the following equilibria: H2Fe0, Ht + HFeOt-, pK2 = 7.5; HFe02- + Ht + Feo43, pK3 = 10.1. The protonated forms 
of ferrate(V) are unstable due to decomposition by a second-order process that results in the formation of hydrogen peroxide and 
ferric ions rather than disproportionation. The bimolecular rate constants in 1 mM phosphate/borate buffer at  25 OC are 
kl(H2Fe04- + H2Fe04-) = (9 f 2) X lo7 M-' s-l, k2(H2Fe04- + HFe04") J 3 X lo7 M-' s-l, k3(HFe042- + HFe042-) = 1.5 
X lo7 M-I s-l, and k4(HFe042- + Fe04f) = (1.0 f 0.2) X lo7 M-l s-l. At higher pH, Fe04'-decays by a unimolecular process, 
kf = 8 1 s-l. The very high second-order rates as well as the peroxide product suggest that oxide ligands bound to ferrate(V) 
may have a much higher degree of free-radical character than does the parent ferrate(V1) ion. 

Introduction 
The aqueous chemistry of hypervalent iron is usually not ac- 

cessible to commonly used techniques, and therefore not much 
is known about the reactivity of iron species in oxidation states 
higher than 111. An exception to this is the ferrate(V1) ion, which 
is a well-characterized species as regards structure,' spectral 
proper tie^,^.^ and, to an extent, chemical reactionshd that are not 
atypical of the high-valent metallo-oxo anion species for the 
first-row transition metals. The oxygen-iron bonds in ferrate(V1) 
are equivalent, and Mossbauer spectroscopys indicates a high 
degree of covalent character. This accounts for the slow rate a t  
which the oxide ligands exchange with solvent waters6 A very 
characteristic feature of the ferrate(V1) ion is the manner of its 
decay to iron(II1) and O2 in solution,' which is predominantly 
second order and strongly pH dependent. An extensive study of 
these processes7 has identified two protonated forms that are 
particularly reactive, and only the fully deprotonated Fe04" is 
relatively stable in alkaline solution. 

We have been interested in ferrate(1V) and ferrate(V), oxidation 
states tha t  are frequently postulated as kinetic transients in fer- 
rate(V1) the action of catalases and  peroxidase^,^ and 
iron-catalyzed organic hydroxylation Although 
the  organic environment of iron may considerably modify its 
properties, the activation of oxygen or peroxide by formation of 
a ferry1 (FeS02 ' )  or perferryl (Fe=O'+) system is thought to 
be an important feature of many biochemical mechanisms in- 
volving iron-containing enzymes? Previous investigations by pulse 
r a d i ~ l y s i s ' ~ * ' ~  of the simplest forms of these species, obtained by 
the free-radical oxidation or reduction of ferric or ferrate(VI), 
respectively, yielded spectral data and showed that these are 
short-lived species. In 4 M NaOH ferrate(V) decays at a rate 
of 4 s-'. In the present study we have examined the spectral and 
kinetic properties of ferrate(V) decay between pH 6 and 13 in 
order to obtain closer comparisons with the parent ferrate(V1) 
ion and to obtain additional information on the factors contributing 
to the reactivity of the oxo-iron bond. 

Experimental Section 
All solutions were prepared by using water that, after distillation, had 

been passed through a Millipore ultrapurification system. Common 
chemicals were of reagent grade or better purity. Phosphate or phos- 
phate/borate buffers of 1 mM total concentration were used in most 
experiments. Salts of NaC104 and LiCIO,, used in ionic strength effect 
studies, were twice recrystallized, once from Milli-Q water containing 20 
fiM DTPA and once from Milli-Q water alone. The nitrous oxide used 
as a saturating and blanket gas was of 99.99% purity (UHP grade, 
Matheson). 

Potassium ferrate (K2Fe04) of high purity was prepared as previously 
Its solutions (1.0-1.8 X lo-" M) are stable at  pH >8 and 

are relatively unreactive toward alcohols at the low (2-3 X M) 
concentrations used in the experiments. A molar absorptivity of 1150 
M-' cm-' at 510 nm (at pH 9 or above)" was used to calculate fer- 

' Present address: Department of Chemistry, Louisiana State University, 
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Table I. Second-Order Rate Constants for the Reduction of 
Permanganate(VI1) and Ferrate(V1) by 2-Propanol and Ethanol 
Radicals at pH 10.4, 25 OC 

10-9k((CH3)2COH) IO-%(CH$HOH) 
MnV" 7.2 f 1 3.3 f 0.5 

8.0 f 1.5 FeV1 3.0 f 1 

rate(V1) concentrations. For experiments below pH 8, where ferrate(V1) 
is unstable, the ferrate(V1) solutions were premixed to the desired pH 
with a phosphate buffer in a jet-mixing apparatus and pulsed within 10 

Pulse-radiolysis experiments were carried out with the BNL 2-Me Van 
de Graaff accelerator according to procedures described elsewhere.Is 
Doses were computed by the KSCN dosimeter, assuming G[ (SCN);] 
= 6.13. Kinetic analyses were performed by nonlinear least-squares fits 
to the traces by first- or second-order routines. Observed second-order 
rate constants were calculated from linear plots of the rate constants 
against dose, which typically was varied to produce initial FeV concen- 
trations (3-15) X lod M. 

Steady-state radiolysis was performed in a @Co y-ray source (=600 
rad/min), which was previously calibrated with a Fricke dosimeter. 
N20-saturated solutions of pH 10 containing 1.2-1.5 X lo-' M ferrate, 
5 X M 2-propanol, and 5 X 10-4 M EDTA were irradiated for 30-s 
intervals, and the decrease in optical density at  the 510-nm maximum 
of ferrate(V1) was measured against a nonirradiated blank. Similar 
conditions were also employed in experiments containing in addition 0.2, 
1.3, and 2.6 pM bovine liver catalase (Sigma) to prevent accumulation 
of H202. From the dose rate it was calculated that the isopropyl radical 
was generated at a rate of 6.7 X lod M/min. 
Results and Discussions 

the following radicals and molecules: 
H 2 0  -J+ e,;(2.65), H(0.65), 0H(2.75), H2O2(0.72), 

where the values in parentheses are G values, that is, the number 

S. 

Reduction of Fe(VI) to Fe(V). The  radiolysis of water yields 

Hd0.45) (1) 
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Table 11. Dependence of kr on Ferrate(V1) Concentration at pH 11.5 
in 5 mM Phosphate and [FeVln = 3.0 BM at 25 OC 

[ferrate(VI)], M kr, s-l [ferrate(VI)], M kr, s-I 
1.2 x 10-5 8 i 0.5 6.2 X lo4 13 f 1.0 
2.6 X lo4 11 & 1.0 

Table 111. Kinetic Fitting Parameters Determined in 1 mM 
Phosphate/Borate at 25 OC 

kl  = (9 * 2) x 107 M-l s-I 

k3 - 1.5 x 107 M-l s-1 

k4 = (1.0 i 0.2) x 107 M-1 s-I 
kz - 3 X lo7 M-' s-l kS = (8 i 1) s-" 

"Determined at pH 10.35, 11.0, 11.5, and 13. 
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Figure 2. Dependence of the ferrate(V) spectrum on pH. The increase 
in t at 270 nm on reducing ferrate(V1) to ferrate(V) with 2-propanol 
radicals is plotted against pH, showing a pKa(HFe042-+ Fe04f + H+) 
= 10.1 with a curve fitted to this value. 

An additional deprotonation most likely occurs a t  pH <6.0, well 
below the present experimentally accessible range. The overall 
rate law for ferrate(V) decomposition at  low concentrations of 
ferrate(V1) is described by eq 6, where the experimental values 

-d[Fe(V)]/dt = 2kOb[Fe(V)]* + kf(Fe(V)] (6) 

of kob are dependent on the ferrate(V) species present. A very 
minor pathway is also observed when ferrate(V1) is varied from 
1.2 X l C 5  to 6 X 10-4 M, which causes an increase in the measured 
first-order decay component, kf (Table 11). This apparent in- 
teraction between ferrate(V) and ferrate(V1) is usually insig- 
nificant in pulse-radiolysis experiments, but it appears to have 
an effect during steady-state radiolysis. The observed second-order 
decay rates are the sum of four separate reactions (rate constants 
k I-k4) between ferrate( V) species: 

kOb[FeVlZ = kl[H2Fe0.,-I2 + kz[H2Fe04-] [HFe04,-] + 
k3[HFe042-]2 + k4[HFe042-][Fe043-] (7) 

The rate constants were evaluated by fitting the experimental data 
and are listed with approximate uncertainties in Table 111. The 
rate constants kz and k3, whose values are strongly interdependent, 
are listed as estimated values. The equilibrium constant K3 was 
independently evaluated from the pH dependence of the ferrate(V) 
spectrum at  270 nm, where the species that are probably the 
doubly and triply deprotonated forms have a maximum difference 
in absorbance. These data are plotted in Figure 2, and individual 
molar absorptivities in the UV range are given in Table IV. The 
pKz of ferrate(V) could not be independently measured in this 
fashion, since the parent ferrate(V1) spectrum is strongly pH 
dependent in this pH range (pK,(HFe04-/Fe042-) = 7.8).7 
However, the ferrate(V) spectrum measured at pH 6.3 is different 
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Table IV. Extinction Coefficients in the Ultraviolet Range for 
HFeOd2- and Fe0:- 

wavelength, e(HFcO4*-),l @eo4')," 
nm lo-' M-I cm-l lo-) M-l cm-l 
250 5.3 5.7 
260 
270 
280 
290 
3 00 
310 
320 
330 
340 

5.2 
4.7 
4.5 
4.0 
3.45 
2.9 
1.8 
1.2 
0.93 

5.6 
5.3 
4.8 
4.3 
3.8 
3.1 
1.9 
1.25 
1.05 

a Measured at pH 9.0. Measured at pH 11.2. e's are within 1 5 %  
error. 

O!50 360 3 i O  460 450 500 550 660 650 700 8!Oo 
WAVELENGTH, nm 

Figure 3. UV/visible absorption spectra of ferrate(V) and ferrate(V1) 
ions: (A) Fe042-, pH >9.0 (solid line taken from ref 13); (B) HFe04-, 
pH 6.3 (shown for comparison with FeV); (C) HFeO,*-, pH 9.0 (A, 
visible range); (D) H2Fe0,-, pH 6.3 (0, visible range); (E) HFeOt-, pH 
9.0 (---, UV range; see Table IV); (F) Fe04>, pH 11.2 (--- UV 
range; see Table IV). 

from that obtained at  pH 9 and accords with the kinetically 
measured pK2. The absorption spectra in the range 350-700 nm 
for the ferrate(") species H2Fe04-, HFe042-, and the mono- 
protonated ferrate(VI), HFeO,, are shown in Figure 3. The last 
spectrum was obtained by pH jump of alkaline ferrate(V1) so- 
lutions to pH 6.3 and was used as a reference for calculating the 
spectrum of H2Fe04-. The significant decrease in the large peak 
at  510 nm is consistent with a previous study of spectral changes 
occurring upon pr~tonat ion .~  The visible spectrum of mono- 
protonated ferrate(V) is virtually indistinguishable from that of 
the deprotonated f ~ r m . ' ~ . ' ~  

The spectra, mode of decay (mixed unimolecular and bimo- 
lecular processes), and pH dependences suggest that ferrate(V) 
and ferrate(V1) are analogous species with respect to their 
structure. The broad absorbance at wavelengths greater than 600 
nm is virtually unchanged in both oxidation states regardless of 
pH, which suggests a common tetrahedral oxyanion structure. 
Ferrate(V1) has pK,'s of 3.5 and 7A7 whereas ferrate(V), within 
the experimentally accessible pH range, has pK,'s at 7.5 and 10.1. 
The first pK, of H3Fe04 might occur a t  about pH 3-4, which 
would be compatible with the range of acidity constants exhibited 
by various pentavalent oxyanions. 

An attempt was made to verify the charge assignment by 
measuring the ionic strength dependence of Fe(V) decay though 
the reactions are complex and the Debye-Huckel limiting law is 
not always reliable in the range 0.01 M I p I 0.2 M. It was found 
that kob, not only increases with ionic strength (see Table V) but 
is dependent upon the electrolyte cation. In 0.1 M LiC104 kob 
is about half of what it is in 0.1 M NaC104, which is likely due 
to the greater affinity of the small lithium cation for a species 
such as Fe043-. It also seems likely that such ion pairing lowers 
the proton affinity of Fe04% and hence the overall rate of Fe(V) 
decay. The bimolecular rate constants given in Table I11 are not 
corrected for electrostatic factors though ion pairing at  the ex- 
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Table V. Ionic Strength Dependence of the Bimolecular Rate of 
Ferrate(V) Decay at pH 9.0 in 2 mM Borate Buffer + NaCIO, at 25 
OC 

0.01 1 
0.021 
0.10 

5000 

4000 - 
I 

E 
7 3000 I 

Y 

2000 

I O 0 0  

2 

1o-7kob, 1 0-7kOb, 
ionic strength, M M-' s-l ionic strength, M M-ls-I 

1 .oo 0.20 2.00 
1.15 0.1 1 (LiCIO,) 0.90 
1.75 

I 

\ 
I I - 1 300 400 500 600 700 

WAVELENGTH, nrn 
Figure 4. Spectrum of the initial product of ferrate(V) decay observed 
at pH 9 or above (0). At pH 6.3, the absorbance peak at 500 nm is not 
observed (X). 

perimental concentrations of Na+ (2-3 mM) is probably not 
extensive. If the Debye-Huckel theory is used to correct for 

= 1 M (Le. about 10% of the diffusion-controlled rate constant 
for uncharged species), while kl-kj all exceed 3 X lo8 M-' s-l. 

Products of Ferrate(V) Decomposition. When ferrate(V) de- 
composition by either first- or second-order pathways is complete, 
a residual spectrum with strong UV absorbance and a broad peak 
at  500 nm (e = 550 M-' cm-') is observed at  pH's greater than 
about 9. At pH 6.3 disappearance of ferrate(V) leaves a product 
that absorbs only below 350 nm. The product spectrum in alkaline 
solutions, which is shown in Figure 4, undergoes further changes 
to species that absorb broadly in the near-UV and visible regions 
and are presumed to be ferric hydroxides. The intermediate 
product is not Fe(IV), since this species under similar solution 
conditions absorbs maximally at  -420 nrn.l2 It is most likely that 
this intermediate is a complex of iron(II1) with hydrogen peroxide. 
An analogous species with similar spectral properties is FeII'ED- 
TA(Ot2-), which absorbs at  520 nm ( E  = 530 M-' cm-1)20*21 and 
is unstable except in alkaline media. A visible absorption of 
Fe111(022-/-02H) is not detectable during the oxidation of Fe- 
( H 2 0 ) 6 2 +  by 02- at  pH 714 or after ferrate(V) decay, possibly 
because this transient dissociates on a much more rapid time scale 
than its formation. 

The presence of hydrogen peroxide as a major product of 
ferrate(V) decay was confirmed by steady-state radiolysis. So- 
lutions prepared under conditions nearly identical with those of 
pulse experiments were measured spectrophotometrically for loss 
of ferrate(V1) as a function of dose/time in the presence and 
absence of catalase. As shown in Figure 5, a t  irradiation times 
greater than 30 s all solutions exhibited a loss of ferrate(V1) in 
excess of that expected from the reaction with 2-propanol radicals 
(reaction 3). This must be attributed to slower reactions with 
products of ferrate(V) decay, since acetone and FelILEDTA are 
unreactive. About 50% of this excess reducing power is eliminated 
by catalase and hence is due to hydrogen peroxide. Ferrate(V1) 

electrostatic factors, k4 is expected to be nearly lo9 M-l s-l a t P  

(20) Walling, C. Acc. Chem. Res. 1975, 8, 125. 
(21) McClune, G. J.; Fee, J. A.; McClusky, G. A.; Groves, J. T. J .  Am. 

Chem. SOC. 1977, 99, 5220. 
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less common as the d orbitals are progressively occupied. The 
d3 configuration of ferrate(V) is shared by manganese(1V)- and 
chromium( III),22b the aqueous complexes of which are normally 
octahedral. However, of d2 systems in the first transition-metal 
series, only ferrate(V1) and manganage(V)22c form tetrahedral 
oxoanion structures in solution. A conventional explanation, such 
as that given by Ochai?' is that progressive filling of the t2 levels 
decreases the extent to which 2p electrons of oxygen can ?r-bond 
to these metal orbitals. As shown by Mossbauer spectroscopy,s 
the covalent FeO bonds in ferrate(V1) lend it a higher d-orbital 
electron density than would be expected from the formal con- 
figuration. 
On the pulse-radiolysis time scale, the tetrahedral structure of 

the parent ferrate(V1) ion may be retained but is likely unstable 
with respect to higher coordination numbers. Vanadium(V), a 
do system, is tetrahedral in alkali, but protonation favors the 
formation of six-coordinate species and aggregates.22d Since the 
ultimate product of ferrate(V) decay is iron(II1) with possible iron 
(IV) intermediates, protonated forms of Fe(V) may have a lower 
activation barrier to the necessary rearrangement from four- to 
six-coordination. The second-order decay pathways involve mutual 
reduction rather than disproportionation. In Scheme I, it is being 
Scheme I 

I I  I I I I I 1 1  

P A (  
70 t / I  
60 c 

minutes 
Figure 5. Studies of the decrease in [Fevl] during steady-state radiolysis 
as a function of irradiation time. In addition to Fe042-, all solutions 
contained 5 mM propanol, 0.026 M N20, and 2 mM phosphate/borate 
buffer at pH 10 and 25 "C. The four slopes shown represent the fol- 
lowing: (A) (0) loss of Fe(V1) in absence of any other additives, (A) 
loss of Fe(V1) in presence of 0.2 pM catalase; (B) (X) loss of Fe(V1) in 
presence of 1.3 pM catalase, (0)  loss of Fe(V1) in presence of 2.6 pM 
catalase; (C) calculated slop: assuming a loss of Fe(V1) with G[-Fe(VI)] 
= 6.1; (D) rate of disappearance of Fe(V1) in the presence and absence 
of catalase, Le. slope (A) - slope (B). 

oxidizes hydrogen peroxide to oxygen stochiometrically with a 
second-order rate constant of approximately 70 M-* s - ~ . ~  The 
difference between plots A and B in Figure 5 yields G(-Fe(V1)) 
= 4.0, which is due to peroxide, and hence G(H202) 2: 6. If the 
molecular yield of H202 (G = 0.72) is subtracted, this leads to 
an amount of peroxide that is about 75% of the stoichiometric 
quantity expected from eq 8. A similar mode of decay was 

(8) 
postulated in an earlier radiolysis study.* The excess of ferrate(V1) 
loss over that due to peroxide formation may arise from the 
reaction of some ferrate(V) with ferrate(V1) giving unknown 
products, or since peroxide is complexed with iron(II1) as it is 
formed, we may expect competition between reaction 8 and the 
formation of iron(I1) and superoxide (which is not scavenged by 
catalase), especially a t  alkaline pH. Carr et al.' have reported 
that ferroin is formed when ferrate(V1) decomposes in solutions 
containing o-phenanthroline, and it is likely in this case as well 
that the ferrous state is produced by the reduction of Fe(II1) with 
hydrogen peroxide. The reaction between ferrate(V) and fer- 
rate(V1) is relatively slow a t  p H  11.5 (k(Fev + FeV1) = 5 X lo3 
M-' s-I) but could increase at  a lower pH. Overall our treatment 
does not include potential reactions (e.g. Fev + H202, Fe" + H202, 
etc.) and therefore the analysis for hydrogen peroxide is not to 
be considered quantitative but rather indicative that peroxide is 
a major product of FeV decomposition. 
Discussion 

As mentioned above, the products of unimolecular and bimo- 
lecular decay of ferrate(V) have the same absorption spectrum. 
Mechanistically, the bimolecular process could involve direct bond 
formation between oxide ligands. The remarkable feature of the 
ferrate(V) bimolecular decomposition is that a process involving 
the formation of covalent bonds occurs a t  rates typical of radi- 
cal-radical interactions. The comparable observed second-order 
rate constants of ferrate(V1) decay are 4-5 orders of magnitude 
slower. 

In the first transition-metal series, the oxo-metal bonds, which 
are necessary to stabilize valence states higher than IV, become 

FeV - Fe"I + H202 

suggested that oxide ligands are oxidized to hydrogen peroxide 
in the rate-determining step followed by further fast oxida- 
tion/reduction steps, yielding two molecules of an iron(II1) peroxo 
complex. Previous observations of the decay of iron(1V)" indicate 
that it decomposes by an analogous second-order pathway, but 
it was not observed as a free transient in iron(V) reduction. The 
direct formation of a peroxide bond by reaction between oxide 
ligands would be compatible with a substantial free-radical 
character of the ligand, which protonations may enhance by re- 
ducing resonance delocalization. An alternate mechanism in- 
volving the formation and rapid decay of an undetected di- 
ferrate(V) species would require that the rates of ligand substi- 
tution on ferrate(V) species be very much greater than the slow 
rate of oxygen exchange (2 X s-')~ exhibited by FeO,". The 
correlation between solvent exchange processes and dimerization 
rates seems well established in the chromate/dichromate system.25 
We cannot exclude a rate-limiting step involving nucleophilic 
attack on the iron center, but the magnitude of kl-k4 seem too 
large for such a process unless the actual structure of ferrate(V) 
is distorted from tetrahedral. Although more information is needed 
to settle the structural aspects of FeOd3-, the observations made 
in this study appear to extend an earlier reported trend for MOO:- 
and W042-,26 which has been recently corroborated by a pulse- 
radiolysis study of TcOt- and Re04s,n that tetrahedral oxoanions 
of the second and third transition rows are stable in alkaline 
solutions but convert to octahedral species in acid media. The 
observed enhancement of this conversion process upon descending 
from the second to the third transition series has been ascribed 
to the slight increase in size, which apparently allows a more easy 
expansion of the first coordination sphere. As suggested above, 
the reduction of ferrate(V) is likely to involve an activation barrier 
toward its rearrangement to an octahedral geometry. The 
first-order decay of FeO4& (kf = 8.0 s-') to iron(II1) and hydrogen 
peroxide seems to require that the coordination sphere of iron(V) 
expand prior to intramolecular oxidation/reduction. The oxidation 

(22) (a) Cotton, F. A.; Wilkinson, G. Advanced Inorganic Chemistry, 5th 
ed.; Wiley & Sons: New York, 1988; pp 706-707. (b) Ibid., pp 
686-690. (c) Ibid., p 707. (d) Ibid., pp 668-671. 

(23) Ochai, E. I. Inorg. Nucl. Chem. Lett. 1974, I O ,  453. 
(24) Melton, J. D.; Bielski, B. H. J. Radiat. Phys. Chem., submitted for 

publication. 
( 2 5 )  Pladziewicz, J. R.; Espenson, J. E. Inorg. Chem. 1971, 10, 634. 
(26) Honig, D. S.; Kustin, K. Inorg. Chem. 1972, 21, 65. 
(27) Llsbon, K.; Sullivan, J. C.; Mulac, W. A.; Gordon, S.; Deutsch, E. Inorg. 

Chem. 1989, 28, 375. 
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of water, such as occurs slowly in alkaline permanganate solutions, 
may be disregarded, since in ethanolic media this would initiate 
the chain reduction of ferrate(V1) via OH and alcohol radicals, 
which is not observed during pulse-radiolysis experiments. In the 
more likely case that hydrogen peroxide is formed from oxide 
ligands of iron, the rate-limiting step would involve hydration of 
iron(V) followed by the reductive elimination of peroxide from 
cis oxide or hydroxide ligands as suggested in Scheme 11. 
Scheme I1 

Fe043- + 2 H 2 0  - FeV(OH)4(0)23- - slow fast 

[Fe111(OH)4(02Z-)]3- (10) 

The degree of hydrolysis for an octahedral iron(V) species is 
unknown, but it is probably extensive for the high oxidation state 
in alkaline solution. Cis oxide ligands are found, for instance, 
in the pentavalent vanadium ion, V02(H20)4+.22d The product, 
ferric-bound peroxide, could form directly, without dissociation 
of an FeVO ligand bond, if the peroxide moiety is bound in a 

28, 3951-3954 3951 

side-on mode as it is in the Fe111EDTA(022-)3- complex.28 
The chemistry of iron(V) is virtually unknown, but the present 

study suggests that its stability may be enhanced in aprotic and 
weakly coordinating solvents where both of its known decay modes 
are likely to be inhibited. Efforts are currently in progress to 
prepare iron(V) under conditions that will permit more detailed 
studies of its properties. 
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The reactions of the sterically crowded decamethylcyclam complex of nickel(I), Ni(dmc)+, with organic halides, hydrogen peroxide, 
and rerr-butyl hydroperoxide occur some 104 times more slowly than the corresponding reactions of Ni(tmc)+, a tetramethylcyclam 
complex. This supports the assignment of an inner-sphere mechanism in both cases, because reactions that necessarily adopt an 
outer-sphere mechanism (e.g., those of cobslt(II1) amine complexes) differ no more in their relative rates than can easily be 
explained by the small difference in driving force. 

Introduction 
Significant progress has been made in recent years in under- 

standing the chemistry of macrocyclic complexes of Ni(I1) and 
Ni(1). The most extensively studied of these complexes are those 
containing the 1,4,8,1l-tetraazacyclotetradecane (cyclam) ligand 
as well as the N-alkylated and C-alkylated derivatives." Among 
these are tetramethylated (tmc) and decamethylated (dmc) 
macrocycles. 

It has been established that these Ni(I1) macrocycles can be 
reduced electrochemically6 or photochemically7 to generate rea- 
sonably stable Ni(1) complexes in aqueous solutions. This provides 
the opportunity for investigations of the reduction of alkyl halides 
by Ni(1) to be carried out. 

The oxidation of two isomeric forms of Ni(tetramethylcyclam)+, 
abbreviated Ni(tmc)+, by alkyl halides and hydroperoxides has 
been investigated r e c e n t l ~ . ~ - ' ~  The reactions were proposed to 
occur in two steps: 
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Ni(tmc)+ + R X  Ni(tmc)2+ + X- + R' (1) 

Ni(tmc)+ + R' - RNi(tmc)+ (2) 
Electron transfer in the rate-determining step can occur by either 
an inner-sphere (eq 3) or an outer-sphere mechanism (eq 4). 

(3) Ni(trnc)+ + RX - XNi(trnc)+ + R' 

X -  + Ni(trnc7 

Ni(trnc)' + RX - Ni(trnc)'+ + RX-' (4) 

X -  + R' 

A distinction between the two mechanisms is a difficult one 
to make owing to the lability of Ni(tmc)2+ to axial substitution. 
The reactivity pattern for a series of alkyl halides, Le. CH3 < 
primary < secondary < benzyl and C1- < Br- < I-, is similar to 
that observed in corresponding reactions of Co(II)l3 and Cr(II).14 
The latter reactions are known to proceed by an inner-sphere 
mechanism, and thus one might be tempted to conclude that the 
reactions of Ni(tmc)+ adopt the same mechanism. This argument 
needs to be further substantiated by other evidence. It was against 
this background that we undertook the present study with the 

(13) Chock, P. B.; Halpern, J. J.  Am. Chem. SOC. 1969, 91, 582 and refer- 
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Press: New York, 1978; p 140. 
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