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Mn(II) aq-superoxide complex, MnO2+, was formed in pulse radiolysis by three distinct routes: Mn(I)+ O2,
Mn(II) + O2

- and Mn(III) + H2O2. The stability of this complex was found to be governed by the two
equilibria: Mn2+ + O2

- h MnO2
+ (1,-1) and Mn2+ + HO2 h MnO2

+ + H+ (6,-6). Both forward and
reverse rate constants of the reactions involved in these equilibria were determined:k1 ) (1.5( 0.2)× 108

M-1 s-1, k-1 ) (6.5( 1.0)× 103 s-1; k6 ) (1.1( 0.2)× 106 M-1 s-1, k-6 ) (6.5( 1.0)× 106 M-1 s-1,
yieldingK1,-1 ) (2.3( 0.5)× 104 M-1 andK6,-6 ) 0.17( 0.06. The metal-oxy complex MnO2+ decays
by self-reaction withk(MnO2

+ + MnO2
+) ) (6.0( 1.0)× 106 M-1 s-1 and in acid solutions also by reaction

with HO2, k(MnO2
+ + HO2) ) (1.0( 0.3)× 107 M-1 s-1. In both cases stoichiometric amounts of H2O2

are formed as the end product. Mn(I) was formed by reduction of Mn2+ with H atoms. It has an absorption
spectra with maxima at 290 and 340 nm withε290 ) 1300( 200 M-1 cm-1 and ε340 ) 1000( 150 M-1

cm-1. It reacts with oxygen withk(Mn(I) + O2) ) (6.0( 1.0)× 106 M-1 s-1. Mn(III) reacts with hydrogen
peroxide withk(Mn(III) + H2O2) ) (2.8( 0.3)× 103 M-1 s-1.

Introduction

Reaction of manganese(II) complexes with O2
-/HO2 radicals

has been subject to numerous investigations to elucidate
formation of the MnO2+ complexes, their role in oxidation of
Mn2+ to Mn3+, and the dismutation of superoxide.1,2 Most
studies were performed with Mn2+ complexed by ligands such
as formate, sulfate, phosphate, and pyrophosphate, while no
information is available on the reactions of O2-/HO2 radicals
with Mn2+-aquo ion. Studying the reaction of Mn(III) with
H2O2 (ref 3), we realized that the chemistry of the Mn(II)aq/
superoxide plays an important role in this system. It also may
have an impact on modeling of the oxidative power of the
atmospheric aqueous phase as well as aqueous ozonation
processes where manganese is used as a catalyst. This paper
deals with a pulse radiolysis study of the formation and decay
and acid-base properties of the MnO2+-aquo complex.

Experimental Section

The 10 MeV Linac at Risø (Haimson Research Corp., HRC-
712) providing pulses of 0.2-4 µs duration and a detection
system consisting of a 450 W xenon lamp, quartz cell (light
path: 5.1 cm), Perkin Elmer double quartz prism monochro-
mator and photomultiplier IP28 (ref 4) equipped with a LeCroy
(Model 9400) storage oscilloscope, and an IBM PC/AT3
computer on line for data processing were used. For the
experiments where hydrogen gas was used to scavenge OH
radicals the high-pressure cell5 with a light path length of 2.5
cm was used. Prior to pulse radiolysis the solutions were
equilibrated 20-30 min with H2 or a H2/O2 mixture at the
desired pressure.
A hexacyanoferrate(II) dosimeter,G) 5.9,ε420) 1000 M-1

cm-1, was used for determination of the absorbed dose.
Manganous perchlorate hexahydrate purum p.a. from Fluka and
MnSO4 monohydrate Analar from BDH were used as received.
Gases were of N40 quality, and all other chemicals were of
p.a. quality. All solutions were freshly prepared from triply
distilled water.

Hydrogen peroxide formed in pulse radiolysis was determined
spectrophotometrically as FeSO4+ at 305 nm in 0.4 M H2SO4.6

Modeling of the experimental results was carried out using the
CHEMSIMUL7,8 program for the numerical simulation of
chemical systems.

Results and Discussion

Reaction of Mn2+ with O2
-/HO2 Radicals. When formate,

sulfate, phosphate, or pyrophosphate is used as a ligand for
complexing Mn2+, the metal-oxy complex MnO2+ is formed
in the reversible reaction with superoxide:1,2

To avoid use of formate as an OH-scavenger, solutions
containing Mn(ClO4)2 were equilibrated with 140 atm H2 and
2-3 atm O2 to convert the OH radicals into hydroperoxy
radicals. In this system all primary radicals are converted into
O2

-/HO2 radicals according to

The radicals O2-/HO2 were found to react with Mn2+ with a
pH-dependent rate to form an absorption with a maximum at
270 nm (Figure 1).

We ascribe this spectrum to the aquo metal-oxy complex
MnO2

+ on the basis of its similarity to the spectra of MnO2
+

species obtained with Mn(II)-formate,-sulfate,-phosphate,
or-pyrophosphate complexes.1,2 As the shape of the observedX Abstract published inAdVance ACS Abstracts,January 15, 1997.

Mn2+ + O2
- h MnO2

+ (1,-1)

OH+ H2 f H + H2O (2)

H + O2 f HO2 (3)

eaq
- + O2 f O2

- (4)

HO2 h H+ + O2
- pK ) 4.8 (ref 9) (5,-5)

Mn2+ + O2
- h MnO2

+ (1,-1)

Mn2+ + HO2 h MnO2
+ + H+ (6,-6)
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spectrum does not change with pH, we choose to interpret
reaction 6 as a formation of the same complex and a proton
rather than formation of the protonated metal-oxy complex.
Extrapolating 1/[Mn2+] in solutions at pH 5-6 to zero, an

extinction coefficient of MnO2+
(aq)ε270) 2500( 300 M-1 cm-1

was obtained, comparable with the extinction coefficients
reported for the Mn(II) complexes.1,2

The rate constants of the equilibrium reactions (1,-1) and
(6,-6) were determined by pulse radiolysis of solutions
equilibrated with 140 atm H2 and 3 atm O2 by varying pH (2.0-
6.0) and the Mn(ClO4)2 concentration. All experiments were
performed at constant ionic strengths of (3.2-3.5)× 10-2 M
adjusted with NaClO4 and with a 1µs pulse of 1 krad. The
formation of the MnO2+ complex was followed as a first-order
buildup at 270 nm. At the higher pH range (pH 4-6) the slope
of the plot ofkobs vs [Mn2+], Figure 2, increases with pH due
to the difference between the rate constantsk1 and k6 and in

accordance with the ratio [O2-]/[HO2] given by the equilibrium
(5,-5), while the intercept remains constant, yieldingk-1 )
(6.5 ( 1.0)× 103 s-1. In the lower pH range (pH 2-4) the
slope of the plot ofkobsvs [Mn2+] still increases with increasing
pH, but the intercept appears to be an increasing function of
[H+]. This behavior is in accordance with the mechanism based
on the equilibria (5,-5), (1,-1), and (6,-6). The influence of
[H+] on the intercept is first observed when the value ofk-6×
[H+] becomes comparable tok-1.
The spectra were measured for each experimental condition,

and although the yield at 270 nm decreases with increasing [H+]
and increases with Mn2+ concentration, the observed spectrum
could always be accounted for as a composite of the three
species MnO2+, O2

-, and HO2. As neither the kinetics nor the
spectra indicate the presence of a protonated form of the
complex, MnO2H2+, we do not include this species in our
mechanism, although its presence has been suggested in the
study of Mn(II) complexes.1,2

At high [Mn2+] concentrations formation of a dimeric species
MnO2HMn4+ has been suggested1,2with an absorption spectrum
identical to that of MnO2+. We do not include this dimeric
species into our mechanism, as the increase of absorption at
270 nm with increasing Mn2+ concentration at low pH (the main
argument for introducing the MnO2HMn4+ species1,2) can be
qualitatively accounted for by equilibrium (6,-6). This conclu-
sion is corroborated by the observation of a corresponding
decrease of absorption at 220 nm.
The rate constants calculated from the slopes ofkobsvs [Mn2+]

in Figure 2 are plotted as a function of pH, Figure 3. The solid
lines in Figure 3 conform to the standard equation, derived for
a rate constant of reaction of O2-/ HO2 radicals being in
equilibrium with a species existing in only one form in this pH
region.

The best fit of eq I to the experimental points is obtained with
k1 ) (1.5( 0.2)× 108 M-1 s-1 andk6 ) (1.1( 0.2)× 106

Figure 1. Absorption spectra of (A) HO2/O2
- radicals obtained 2.3

µs after a 1.0µs, 2.0 krad pulse and (B) MnO2+-aquo complex
measured 50µs after a 1.0µs, 2.0 krad pulse. Both obtained with [Mn2+]
) 2.0× 10-3 M, 3.0 atm O2, 140.0 atm H2, at pH 5.5.

Figure 2. Apparent first-order rate constantkobs for the buildup of
MnO2

+ measured at 270 nm as a function of [Mn2+]: (O) pH 2.4, (0)
pH 3.0, (+) pH 3.4, (3) pH 4.0, (b) pH 4.8, and (×) pH 5.5 (1 krad,
22 °C, and ionic strengthµ ) (3.2-3.5)× 10-2 M NaClO4).

Figure 3. Second-order rate constantk(Mn2++HO2/O2
-), calculated

from the slopes ofkobsvs [Mn2+] in Figure 2, as a function of pH: (O)
HClO4 and (0) H2SO4 at 22°C. Solid curves calculated for pKa ) 4.9
for the HO2/O2

- couple,k1 ) 1.5× 108, k6 ) 1.1× 106 M-1 s-1 for
HClO4 and k′1 ) 4.0 × 107, k′6 ) 1.8 × 106 M-1 s-1 for H2SO4,
respectively (1 krad, 22°C, and ionic strengthµ ) (3.2-3.5)× 10-2

M NaClO4).

k)
k6 + k1(K5/[H

+])

1+ (K5/[H
+])

(I)
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M-1 s-1. Unfortunately, the experimental determination ofk1
andk6 at plateau regions of the curves in Figure 3 is not feasible,
as it requires extremely high Mn(II) concentrations at the low-
pH end, while at the high-pH end it is hindered by hydrolysis
of Mn(II). With k-1 ) (6.5( 1.0)× 103 s-1 determined from
the intercepts in Figure 2 an equilibrium constantK1,-1 ) (2.3
( 0.5)× 104 M-1 is derived. The plot of the intercepts from
Figure 2 vs the H+ concentration in the lower pH range (Figure
4) yieldsk-6 ) (6.5( 1.0)× 106 M-1 s-1. The rate constants
k6 andk-6 yield an equilibrium constantK6,-6 ) 0.17( 0.06.
From the respective rate constants it follows that the presence
of acid shifts the equilibrium toward free HO2 radicals. Indeed
below pH 2 with moderate concentrations of Mn2+ the only
absorption observed was the spectrum of HO2 decaying in
second-order kinetics with the rate constant within the literature
valuek ) (8.3( 0.7)× 105 M-1 s-1 (ref 9).
For comparison the sulfate metal-oxy complex was also

studied. The only difference from the system in refs 2 and 3 is
that no formate was added as an OH-scavenger. In our system
the OH radicals were converted into H atoms by H2 and thereby
to O2

-/ HO2 radicals by the O2 present (reactions 2-5). In
solutions containing 0.1 M sulfate equilibrated with H2 at 140
atm and O2 at 3 atm the Mn2+ concentration was varied in the
range 5.0× 10-4 to 10-2 M and the pH was varied in the range
3.0-5.5.
Again the formation of the MnO2+ complex was followed

as a first-order buildup of absorption at 270 nm. By a procedure
analogous to that applied above for the aquo-ion the following
rate constants for equilibria (1,-1) and (6,-6) in the sulfate
system were obtained:k′1 ) (4.0( 0.5)× 107 M-1 s-1, k′-1
) (8.5( 2.0)× 103 s-1, k′6 ) (1.8( 0.2)× 106 M-1 s-1, and
k′-6 ) (2.1 ( 0.5) × 107 M-1 s-1 (Figure 4). These rate
constants allow an equilibrium constant for sulfate metal-oxy
complexK′1,-1 ) (4.7( 1.3)× 103 M-1, in good agreement
with literature values, (6.0( 1.0)× 103 M-1 at 0.5 M sulfate
and (1.0( 0.2)× 104 M-1 at 0.1 M sulfate (both obtained in
the presence of formate).1,2 FurthermoreK′6,-6 ) (8.6( 2.3)
× 10-2 was derived. As was the case with the Mn2+ aquo-
ion, the spectra obtained at low pH in all cases could be
accounted for by the presence of only three species, MnO2

+,
O2

-, and HO2, distributed according to the equilibria (1,-1),
(5,-5), and (6,-6). A different mechanism was put forward

in the literature1,2based on the formation of a MnOOH2+ species
by addition of HO2 to Mn2+ in an irreversible reaction.
However, we were not able to observe any spectral or kinetical
property that would distinguish the MnOOH2+ species from the
HO2 radical, and the irreversible formation of the MnOOH2+

violates the principle of microscopic reversibility and detailed
balance (no virtual equilibrium for HO2). Therefore we suggest
that the mechanism consistent for the equilibria (1,-1),
(5,-5), and (6,-6) is more plausible in the cases of the Mn2+

aquo-ion and sulfate complex.
Formation of MnO 2

+ in the Reaction Mn(III) + H2O2.
Mn(III) was formed in the reaction of Mn2+ with OH radicals.

From a buildup of absorption at 220-250 nm at various [Mn2+]
in the pH range 0-6 the rate constantk7 ) (2.0( 0.2)× 107

M-1 s-1 was measured, which is somewhat lower than the
literature values 3.6× 107 and 2.9× 107 M-1 s-1 (ref 10) and
2.6× 107 M-1 s-1 (ref 11).
The absorption spectrum of Mn(III) at pH 0-3 hasλmax )

220 nm andε(MnOH2+)220 ≈ 5000 M-1 cm-1, while at 270
nm ε(MnOH2+)270 ≈ 1000 M-1 cm-1 (refs 3, 10), less than
half of that of the manganese-superoxide complex
(ε(MnO2

+)270 ) 2500 M-1 cm-1).
By pulse radiolysis of N2O-saturated 0.1 M Mn(ClO4)2 and

5.0× 10-3 M H2O2 solution at pH 3.5 a first-order decay at
250 nm concomitant with a first-order buildup at 270 nm was
observed, Figure 5. While the initial spectrum was that of
MnOH2+, the spectrum developed after 5-10 ms was that of
MnO2

+. The spectrum measured after 1.5 ms in a solution of
5 × 10-2 M Mn2+, 3.3× 10-2 M H2O2, and O2 saturated at
pH 3.0 irradiated with a 2 krad pulse matches exactly the
spectrum obtained in pulse radiolysis of a 10-2 M Mn2+ solution
at pH 3.0 equilibrated with 140 atm H2 and 3 atm O2 using the
same 2 krad pulse (Figure 6). In the N2O-saturated solutions
about two-thirds of OH radicals react with Mn2+ (reaction 7)
forming MnOH2+ and one third reacts with H2O2 forming HO2
radicals. MnOH2+ and HO2 radicals thus formed react with
H2O2 (reaction 8) and Mn2+ (reaction 6) respectively, both
yielding the MnO2+ complex. In the system under H2 pressure

Figure 4. Intercepts of plots ofkobs vs [Mn2+] from Figure 2 as a
function of H+ concentration: (0) HClO4 and (O) H2SO4 (1 krad, 22
°C, and ionic strengthµ ) (3.2-3.5)× 10-2 M NaClO4).

Figure 5. Absorption traces obtained in pulse radiolysis of 0.1 M Mn2+

at pH 3.5 (HClO4), 3.0 atm O2, 5.0 × 10-3 M H2O2, and dose 2.0
krad. Decay of Mn3+ at 250 nm and buildup of MnO2+ at 270 nm.

Mn2+ + OHf MnOH2+ (7)
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all OH radicals react with hydrogen (reaction 2), and then H
atoms react with oxygen (reaction 3) to form HO2 radicals,
which succesively yield the MnO2+ complex by reaction with
Mn2+. As a result of equilibria (1,-1) and (6,-6) the MnO2+

complex dominates at pH 3 (>95%), while free HO2 radicals
are dominant at pH< 1 (Figure 6).
Taking into account the stoichiometry of the reaction between

Mn(III) and H2O2, ∆[Mn(III)]/ ∆[H2O2] ) 2 (ref 12), we
conclude that the above experimental findings are best inter-
preted in terms of reaction 8.

The observed rate of reaction 8 was found to decrease slightly
with the Mn2+ concentration and increase with pH. The reason
for the [Mn2+] dependence is the formation of Mn(IV) species
due to disproportionation of Mn(III) according to equilibrium
9 (refs 10, 13) and a fast reaction of the Mn(IV) species with
hydrogen peroxide.3

Therefore, the rate constant for reaction 8 was obtained by
extrapolating 1/[Mn2+] to zero, that is, as the intercept of the
plot of the initial first-order rate constant vs 1/[Mn2+] in Figure
7. The rate constant thus obtained,k8 ) (2.8 ( 0.3) × 103

M-1 s-1, is practically pH-independent in the pH range 0-2.
The increase ofk8 observed at higher pH (Figure 8) is ascribed
to the presence of Mn(OH)2+, a different hydrolytic form of
Mn(III). 11,14

The absorption spectra measured at various pH’s at 1.5-3
ms after the pulse were in all cases a composite either of O2

-/
HO2 and MnO2+ or below pH 1 only of the HO2 radical (Figure
6). At pH < 1, under our experimental conditions, reverse
reaction-6 shifts the metal-oxy complex formed in reaction
8 to Mn2+ and HO2 radicals. The identity of the HO2 is
confirmed by identity of the spectra and the decay kinetics
yielding k ) 1.0× 106 M-1 s-1, in good agreement with the
literature value.9

Formation of MnO 2
+ in the Reaction Mn+ + O2. The

hydrated electron and H atom are known to reduce Mn2+ to
Mn+ with rate constants 2.0× 107 M-1 s-1 (ref 15) and 6.6×
108 M-1 s-1 obtained in 6 M H2SO4 (ref 16), respectively.

The rate constant for reaction 11 in air-free 0.1 M perchloric
acid equilibrated with 140 atm H2 where both the hydrated
electrons and OH radicals are converted into H atoms by H+

and H2, respectively,k11 ) (2.0 ( 0.2) × 108 M-1 s-1, was
measured in this study. The spectrum of Mn+ (Figure 9),
obtained under these conditions with 5× 10-3 M Mn2+, exhibits
two maxima at 290 and 340 nm withε290 ) 1300( 200 M-1

cm-1 andε340 ) 1000( 150 M-1 cm-1, respectively.

Figure 6. Absorption spectra obtained with a 2.0 krad pulse in HClO4

at 22°C: (3) 5.0× 10-2 M Mn2+, 3.3× 10-2 M H2O2, 1.0 atm O2 at
pH 3.0 measured 1.5 ms after pulse; (0) 1.0× 10-2 M Mn2+, 2.0 atm
O2 and 140 atm H2 at pH 3.0 measured 50µs after pulse; (4) 5.0×
10-2 M Mn2+, 3.3× 10-2 M H2O2, 1.0 atm O2 at pH 0 measured 3 ms
after pulse; and (O) 5.0× 10-3 M Mn2+, 1.0 atm O2 and 140 atm H2
at pH 0 measured 50µs after pulse.

MnOH2+ + H2O2 f MnO2
+ + H+ + H2O (8)

2MnOH2+ h Mn2+ + Mn(IV) (9)

Figure 7. Rate constant of the Mn3+ + H2O2 reaction as a function of
the reciprocal Mn2+ concentration (1 krad, 22°C, in 1.0 M HClO4).

Figure 8. Apparent rate constant of Mn3+ + H2O2 as a function of
pH in (0) HClO4 and (4) H2SO4 solutions (1 krad, 22°C, with [Mn2+]
) 0.1 M).

Mn2+ + eaq
- f Mn+ (10)

Mn2+ + H f Mn+ + H+ (11)

Manganese(II)-Superoxide Complex in Aqueous Solution J. Phys. Chem. A, Vol. 101, No. 7, 19971327



In an air-saturated 0.1 M Mn2+ solution at pH 3 equilibrated
with 140 atm H2 about two-thirds (G≈ 4.2) of the initial radicals
form Mn+, the rest being divided between Mn(III) (G ≈ 1.0)
and HO2 (G ≈ 1.3). A first-order decay observed at 350 nm
with an apparent rate constant proportional to the oxygen
concentration is attributed to reaction 12:

Varying O2 concentration within the range (0.25-1.2)× 10-3

M, a rate constantk12 ) (6.0 ( 1.0) × 106 M-1 s-1 was
determined. Formation of the MnO2+ species is confirmed at
higher pH by a concomitant buildup of the absorption spectrum
with λmax ) 270 nm, while at pH< 1 only the HO2 spectrum
(a result of equilibrium (6,-6) with a small amount of the Mn-
(III) absorption (formed in reaction 7) is observed.
Decay of the MnO2+ Complex. In solutions close to neutral

pH with 140 atm H2 and 3 atm O2 and high concentrations of
Mn2+ and at fairly high doses (5-8 krad/pulse) MnO2+ decayed
in second-order kinetics according to eq 13. A second-order
rate constantk13 ) (6.0( 1.0)× 106 M-1 s-1 was determined.

Determination of H2O2 formed by single-pulse radiolysis
showed stoichiometrical amounts of H2O2, according to eq 13.
On the basis of this result and experiments with H2O2 added,
we can estimate the upper limit for the reaction MnO2

+ + H2O2

to k e 103 M-1 s-1.
On lowering the pH the decay became faster but still

confirmed pretty well second-order kinetics. However, the
observed decay is now governed by a cooperative action of the

equilibria (1,-1) and (6,-6) together with the cross reaction
14.

At even lower pH’s (pH< 2) the decay kinetics turned into
first-order as the excess of HO2 radicals over MnO2+ increases
with decreasing pH due to equilibrium (6,-6). Computer
modeling of the MnO2+ decay yields the rate constantk14 )
(1.0( 0.3)× 107 M-1 s-1.
In all cases studied, the end product of the MnO2

+ decay
was H2O2 and Mn2+. Neither with the aquo-ion nor with the
sulfate complex could indications of the formation of binuclear
species be observed. No formation of Mn(III) species could
be detected during decay of MnO2+ neither in perchlorate nor
in sulfate medium. This is reasonable having in mind that the
MnO2

+ is formed in reaction 8 with both the aquo-ion and
sulfate complex and the difference of ca. 1.8 V in standard
reduction potential between Mn3+/Mn2+ and O2/O2

- pairs. It
seems that formation of Mn(III) in Mn(II)/O2- requires the
presence of ligands that can radically decrease the reduction
potential of the Mn(III)/Mn(II) pair.

Conclusion

The MnO2+ complex forms in the reaction of Mn(I), Mn(II),
and Mn(III) with O2, O2

-/HO2, and H2O2, respectively. Interac-
tions of O2-/HO2 radicals with Mn2+ in the absence of
complexing ligands or as the sulfate complex can be adequately
described by the equilibria (1,-1), (5,-5), and (6,-6).
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Figure 9. Spectrum of Mn+. Conditions: [Mn2+] ) 1.0× 10-3 M,
air-free solution of 0.1 M HClO4 with 140 atm H2 at 22°C.

Mn+ + O2 f MnO2
+ (12)

2MnO2
+ f 2Mn2+ + H2O2 (13)

MnO2
+ + HO2 + H+ f Mn2+ + H2O2 + O2 (14)
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