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The fast-reaction technique of pulse radiolysis and kinetic absorption spectrophotometry was used to gen-
erate odd-valent metal ions in neutral aqueous solution, and study their one-electron oxidation reactions.
Using the sulfate and perchlorate salts, the M2+ ions were reduced to the M+ ions by eaq™. The Zn*, Co™,
Cd*, Pb*, Ni*, as well as Cr2* and T1°, odd-valent metal ions were produced. The one-electron oxidation
of these odd-valent metal jons was studied in the presence of various electron acceptors A (including phe-
nones, dyes, and quinones) whose two-electron redox potentials E°! (V, at pH 7.0, 25°) are known. The
percentage efficiency of the electron transfer reaction M* + A — M2+ + .A~ was found to be dependent
upon the E°! values of the acceptors: Titration-type curves are obtained, and from the midpoint (50% elec-
tron transfer) kinetic potentials for the M* |[M2+ redox couples were derived. These potentials are not the
thermodynamic values since the electron transfer processes followed were found to be irreversible, under
the experimental conditions used. The results show that the reducing power of the odd-valent metal jons

decreases in the order Zn* = Co* > Cd* > TI® > Pb+ > Ni*+ > Cr2+.

Introduction

Most divalent transition metal ions react with €aq” With
-high rate constants! in aqueous solution. The products of
the reaction with e,q~ are the monovalent ions in their
ground states (reaction 1). The formation of Co*, Zn*,

M2+ + g4~ — M* 1)

Cd*, and Ni* have been shown based on their uv absorp-
tion spectra.? The ESR of some of these odd-valent metal
ions were also observed in frozen solutions.3 These reduced
species have been found to react with various oxidants, in-
cluding O, N2O, H204, NOy~, NO5—, alkyl halides, etc. (see
ref 1, p 122). It was shown* that Zn* is more reactive than
Cd*, and that both species are much more reactive than
Ni*. Explanations for some of these observations have
been suggested,!~* based on the configuration of the metal
ions and the type of electron transfer (inner sphere vs.
outer sphere) mechanism.

We have recently developed a method,’ using the pulse
radiolysis technique, for determining the kinetic (not ther-
modynamic) potentials of free radicals in aqueous solu-
tions. This method is based on the one-electron redox
properties of the free radicals, -RH, in the presence of elec-
tron acceptors, A, whose two-electron redox potentials
(E°! pH 7.0, ~25°) in water are known:

-RH+A-—~R+.A- + H* (2)

The rate constants of reaction 2 and the efficiencies of for-

mation of -A~ were shown to be dependent on the E©!
values of the acceptors used. A plot of the percentage effi-
ciency for electron transfer vs. EOl of the acceptors gave
“titration-type” curves, and from the midpoint (50%) the
kinetic potentials of the radicals, E . %t were derived.

This method has been used to obtain the kinetic poten-
tials of odd-valent metal ions in water. The results ob-
tained for the following redox couples are presented below:
In*Zn?*,  Co*Co2+, Cd*Cd?+, TITI+, PbHPbh2t,
Ni*|Ni%*, and Cr2+ Cr3+.

Experimental Section

The pulse radiolysis and kinetic absorption spectropho-
tometry experimental set-up used have been described.67
Single pulses of ~2.3 MeV electrons and ~30-nsec duration
were provided from a Febetron 705 machine (Field Emis-
sion Corp.).

The radiation chemistry of water produces

HoOmv— €507 (2.8), OH (2.8), and H (0.6)

where the numbers in parentheses are the G values (num-
ber of free radicals formed per 100 eV of energy absorbed
by the water). The experimental condition used to generate
the odd-valent metal ions in water was a one-electron re-
duction of Zn?*, Co%*, Cd2*, TI*, Pb%+, Ni2*, and Cr3+
salts by esq”, reaction 1. These experiments were carried
out using 5 mM concentration of the salts in the presence
of ~1.0 M tert-butyl alcohol to scavenge® the OH radicals.
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The sulfate salts were used for all metal ions, except for
lead and chromic when the perchlorate salts were used.

The experimental conditions used to study the one-elec-
tron oxidation of these odd-valent metal ions in the pres-
ence of electron acceptors were described in detail.® The
concentration of the acceptors A was 5 X 10® M, except
for dyes when 2.0-2.5 X 10~% M concentrations were used.
Under all conditions, all the e,,~ reacted with the metal
ions, none with the acceptors, and the [A]/[M*] = 15. Rela-
tively low concentrations of e.g;~ were used, ~1-2 uM.
Table I lists the acceptors employed in this work. Their
redox potentials were obtained from the literature,’ and
the values are for two-electron changes.

The 100% efficiency level for formation of :A~ radicals,
or for “bleaching” of the dyes, was established in each case
from the reaction of the acceptors with e,q~ in the absence
of the metal ions (eq 3). The wavelengths used to monitor
. Afes A (3)
the formation of -A~, or the bleaching of the dye, are given
inref6ands. ==~

Chemicals were the highest research grade commercially
available and were pu)

.

tman Chemicals,
-mM phosphates.

eaq- at diffusion-
r the experimen-
are produced
| complex of
lorate) solutions at
s work. For conve-
24}, and MO (for TI9),
esent!® in these solu-
ction T19 + TI+ —

assumed : (as was fo heir reaction
' TS ale significantly

the experimen-

shorter than their natural lifeti
tal conditionsuged. =~~~ === ==

Oxidation of Zn?, Co*, and Cd* Ions. The reaction of,
for example, Co* with menaquinone (MQ) has already
been shown!! to form the MQ- radical anion whose tran-
sient spectrum and extinction coefficient is in complete
agreement with literature data on the spectral properties of
MQ-~. The dependence of the percentage efficiencies for
the one-electron oxidation of these ions, reaction 4, upon

T MaA-MI A @)
the redox potential of the acceptors used are shown in Fig-
ure 1. A rapid change ean be observed with acceptors whose
E°! values are in the range —1.1 to —1.0 V. Small, but ex-
perimentally distinguishable, differences were observed for
Zn* Co*, and Cd*. '

The presence of the g-hydroxyl alkyl radical produced
from tert-butyl aleohol (present in solution to scavenge the
OH radicals) was found not to interfere with the results ob-
served. This was established as follows: (a) the percentage
of -BP~ (BP.= benzophenone) formed from the reaction of
Co* and Zn* with BP was 80-84%, in solutions containing
5 mM CoSO0, or ZnSO4, pH 7.0, in the presence of either 1.0
M ¢-BuOH, 1.0.M:i-PrOH, or 1.0 M HCO,~ used to sca
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TABLE I: List of Electron Acceptors Used

EO!, Ve
1. 4,4'-Dimethoxybenzophenone -1.120
2.. p-Chlorobenzophenone —1.050
‘3. Benzophenone -1.00
4. p-Cyanobenzophenone -0.80
5. 3-Benzoylpyridine -0.75
6. Fluorenone - 0.68
7. Rhodamine B —0.54
8. EosinY -0.50
9. Crystal Violet —~0.357
10. Safranine T —0.289
11. Phenosafranine —0.254
12. Anthraquinone 2,6-disulfonate —~0.184
13. Indigodisulfonate -0.125
14. Menaquinone +0.002

@ Seeref9, 5, and 8.
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Figure 1. Dependence of the percentage efficiency for the one-elec-
tron oxidation of odd-valent metal ions upon the redox potentiat (E°1,
V at pH 7.0:and ~25°) of the electron acceptors A. Experiments
carried out in aqueous solutions using 5 X 1073 M of the metal sul-
fates (except for Pb®* and Cr®* perchlorates) at pH 7.0, in the pres-
ence of 2.5-5 X 1075 M concentration of the acceptors. See text
for further experimental details and Table | for the list of electron ac-
ceptors used.

venge the OH. radicals. The t-BuOH radical and the
(CH3)sCOH and COs~ radicals formed did not react with
Zn* or Cot, Zn?* or Co?*, or with BP. The latter was al-
ready established;® (b) in 5 mM solutions of NiSOy4, 5 X
10°% M anthraquinone 2,6-disulfonate (AQ), pH 7.0, 1 atm
of argon, ~100% formation of -AQ™ was found in 1.0 M t-
BuOH (Figure 1).'An almost doubling in the yield of -AQ~
was observed in the presence of 1.0 M i-PrOH or 1.0 M
HCO,~. This is'explained on the basis of reactions 5 and 6.
These reactions have already been established 5

(CH3);COH + AQ — -AQ~ + CH3COCH; + H* (5)
CO + AQ — -AQ—' + COq (6)

Under the experimental conditions used, reaction 4 was
found to be irreversible. This was concluded on the basis of
an absence of a dependence on the formation (both rate of
formation and efficiency) of -A~ upon [M2*], over the range
up to 5 X 1072 M. The decay kinetics of -A~ was also not
affected by the concentration of M2* jons. Hence thermo-
dynamic redox potentials cannot be derived from these re-
sults. The potentials are referred to as kinetic potentials.5P
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TABLE II: Kinetic Potential of Odd-Valent.
Metal Ions in Water at pH 7.0, 25°

Ek()i , Vb

System - Redox couple?®

ZnS0, Zn* | Zn? -1.04
CoS0, Co* | Co?* —1.02
Cds0, car|ca* ~1.01
T1,80, v | TI -0.78
Pb(C10,), Pb* | Pb* —-0.56
NiSO; i -0.31
Cr(ClO,), crit|cr¥ -0.21

2 The redox couple studied is for the one-electron oxidation of
the lower valent ion to the higher valent ion (see text). ” Values are
derived from the midpoints (50% electron transfer) of the curves in
Figure 1; values are good to +0.03 V; the signs are given for the re-
duction process, ‘in agreement with convention (i.e., the kinetic
oxidation potential for the Zn* |Zn2* coupleis +1.04 V).

From the midpoint (50% electron transfer) of the curves
given in Figure 1, the kinetic potentials, Ei, of these odd-
valent metal ions ean be derived and are given in Table IL
The results indicate that these monovalent ions are power-
ful reduecing agents, capable of reducing molecules with E°!
values greater than ~~1.0 V. A recent study!?2 of Co(l)
complexes containing unsaturated macrocyclicligands gave
a E, 9 = —0.88 V for the Co! (4,11-diene-N,) species.

The thermodynamic redox potentials for the Zn*|Zn2+
and Cd*Cd?* couples have recently been calculated.!2b
Values of —2.0 & 0.4 and —1.8 + 0.4 V, respectively, were
derived. On the basis of Marcus’ theory!3 for electron
transfer reactions, the redox potentials for the couples
Zn*Zn?* and Cd*Cd?* were estimated!®!?b a5 —1.0 and
<-0.5 V, respectively. The E %! values of ~—1.0 V for
these couples appear to be closer to the E°! values calculat-
ed on the basis of Marcus’ theory. It should be pointed out,
however, that while thermodynamic redox potentials pro-
vide information as to whether a reaction is energetically
feasible, the kinetic potentials provide information on the
occurrence and rate constants of the reaction. Neither
method, however, provides any information on the mecha-
nism of the electron transfer reaction.

Oxidation of Pb* and Ni* Ions. The results obtained are
presented in Figure 1 and the E°! values derived are given
in Table II.

Ionization constant values ranging from 7.1 to 8.8 have
been obtained'® for the hydrolysis of Pb2* jons. Hence
there is uncertainty on the nature of the Pb* species pres-
ent at pH 7.0. A E\ 0 value of —0.57 V is obtained for the
Pb*[Pb?* couple making this metal ion a poorer reducing
agent compared to Zn*, Co*, and Cdt.

Ni% is an even poorer reducing agent, with E ;%! of —0.31
V. E% value of —0.7 + 0.4 V have been derived!?® for the
Ni*|Ni%* couple, while the value estimated from thermody-
namic data'® is —2.7 V. A value of —0.7 V was derived!4
based on Marcus’ theory.

The Ni(I) complexes of unsaturated macrocyclic ligands
have been studied!” and their kinetic potentials deter-
mined. ,

Ozxidation of Cr®* Ions. The Cr?* ions were produced
from the reaction of €aq~ with chromic perchlorate at pH
7.0. The oxidation of Cr*+ to Cr3* was found to have a E;,0!
value of —0.21 V; see Figure 1 and Table 11,

In perchloric acid solutions at pH 3.4, the one-electron
oxidation of the Cr®* species to Cr3+ occurred at a much
higher (ie., more positive) potential. A Ey ! value of
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TABLE III: Reaction Rate Constants of
Odd-Valent Metal Ions with Electron Acceptors

in Aqueous Solution, pH 7.0

Odd -

valent b, M

System ion Acceptor® sec”!?
ZnSO, Zn* p-Benzoquinone (+0.293) 4.8 x 10?
Menaquinone (+0.002) 3.8 x10°
Benzophenone (—1.00) 2.5 x 10°
Co80, Co*  p-Benzoguinone (+0.293) 4.8 x 10°
Menaquinone (+0.002) 4.0x10°
Benzophenone (—1.00) 2.5x10°
Cdso, Cd*  p-Benzoquinone (+0.293) 4.4 x 10°
Menagquinone (+0.002) 4.6 x10°
Benzophenone (—1.00) 1,0 x 10°
T1,80, "1™ p-Benzoquinone (+0.293) 2.8 x 10°
Pb(ClO4), Pb*  'Menaquinone {+0.002) 3.7 x10°
NiSO, Ni* Menaquinone (+0.002) 2.4 x10°
Cr(Cl0,); Cr?* p-Benzoquinone (+0.293) 3.5 x 10°
Anthraquinone 2.8 x10°

2,6 -disulfonate (—0.184)

@ Numbers in parentheses are the redox potentials of the ac-
ceptors. ” Determined by monitoring the formation kinetics of
-A- radicals at appropriate wavelengths, M+ + A — M2+ + .A~
(see text).

~+0.35 V was found, making the Cr2* species at pH 3.0 a
poorer reducing agent than at pH 7.0. A pK, for the hy-
drolysis of Cr®* of ~4.0 has been reported.!® The redox po-
tential for the Cr3* couple in 1.5 X 10~3 M HoSO, was re-
ported?® to be —0.41 V. This is a clear example where the
pH and the nature of the aquo~metal complex ion can con-
siderably affect the redox properties of the ions.

Oxidation of TI% As mentioned above, the form and na-
ture of the species present at pH 7.0 are uncertain. Figure 1
and Table II show the results obtained.

The one-electron of the “TI°” species shows this ion to
be a relatively strong reducing agent, with E,01 = —0.77 V.
The redox potential for the TI*|TI° couple is reported?s to
be —0.336 V. This is considerably different from the Eio!
value found for the reverse process. Among other reasons
which may account for this difference is the nature of the
“T1°” species present in solutions which is oxidized to TI*,

Oxidation of Ag® and Cu* Ions. Some preliminary ex-
periments with Ag(S04)s and CuS0Q, were carried out at
pH 3.0. Considerable irreproducibility was observed thh
these ions at pH 7.0 and also at pH 3.0.

It appears that the “Ag®” species present at:pH 3.0 isa
poor reducing agent with E)0! ~+0.5 V for the Ag9Ag*
couple. Similarly, the oxidation of “Cu*” . at pH 30 is
equally difficult, with 0 > +0.4 V for the Cu*|Cu?* cou-
ple. Due to the observed irreproducibility of these systems,
the E % values given above are probablynot significant.

Conclusions

The kinetic potentials for the Zn*Zn?f, Cot|Co?’,
Cd*Cd2*, Pb*Pb2*, Ni*|Ni2t, Cr2HCr?*, and TIITI*
couples in water at pH 7.0 were derived For most of these
one-electron redox couples, no caleulated thermodynamic
redox potentials are known. The results obtained here ap-
pear to be relevant to the chemical reactivity of these odd»
valent metal ions:in water.

The reaction rate constants of these ions wnh a numb&r
of the acceptors used are given in Table IIL These Vame? -
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are close to diffusion-controlled rates for acceptors which
have higher (more positive) potentials than the oxidation
potentials of the M+ M?* couples.
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