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The kinetics of Mn2O3 digestion in various H2SO4 solutions (0.5–2.0 M) and at various temperatures

(ambient to 80 1C) to form solid g-MnO2 and soluble Mn(II) have been examined using X-ray diffraction.

Using a modified first-order Avrami expression to describe digestion kinetics, rate constants in the range

0.02–0.98 h�1 were found for Mn2O3 disappearance, and 0.03–0.42 h�1 for g-MnO2 formation, with

higher H2SO4 concentrations and temperatures leading to faster conversion rates. Also, for a particular

set of experimental conditions, the rate of g-MnO2 formation was always slower than Mn2O3

disappearance. This was interpreted in terms of the solubility and stability of the soluble Mn(III)

intermediated formed during the digestion. Activation energies for Mn2O3 dissolution and g-MnO2

formation were also determined.

& 2009 Elsevier Inc. All rights reserved.
1. Introduction

Modern society is very dependent on electrical energy. From
the home to heavy industry electricity can be found powering
devices ranging from an electric arc blast furnace, through the
most sophisticated medical apparatus, to the humble toaster. An
added benefit of electrical energy is that it can be made portable,
and it is in this arena that batteries predominate. Consumers have
access to a wide range of battery systems for providing portable
power. The choice of the most appropriate battery system
depends on the electronic application. However, by far the most
common is the alkaline Zn/MnO2 battery system, which has been
available for many decades. There are many reasons for the
popularity of this system, but mostly it is because of the
properties and performance of the alkaline manganese dioxide
cathode. In particular, manganese dioxide with suitably high
density and purity, as well as adequate electrochemical activity
under a range of discharge conditions, can be produced efficiently
and inexpensively on a commercial scale [1].

The phase of manganese dioxide preferred for use in the
aqueous alkaline cathode is g-MnO2. The basic description of the
g-MnO2 structure has been attributed to De Wolff [2] who
suggested that it consists of a microscopic intergrowth of the
ramsdellite and pyrolusite (b-MnO2) phases of manganese
dioxide, as shown in Fig. 1. Since this original description many
other researchers have contributed to the understanding of
g-MnO2 structure. Ruetschi et al. [3] introduced the cation
vacancy model to explain some physico-chemical features of
g-MnO2. This model proposed that some of the Mn4+ ions within
ll rights reserved.

W Donne).
the structure were absent, with the charge discrepancy compen-
sated by four protons on the surrounding oxide anions to make
OH�. Similarly, some Mn4+ ions were found to be reduced to Mn3+,
with the charge discrepancy again being compensated by protons
on an adjacent oxide anion. The presence of these OH� groups
within the g-MnO2 structure constitutes structural water, leading
to the following structural description:

ðMn4þ
Þ1�x�y � ðMn3þ

Þy � ð&Þx � ðO
2�
Þ2�4x�y � ðOH�Þ4xþy (1)

where & represents a cation vacancy, and x and y are the mole
fractions of cation vacancies and Mn3+ species, respectively.
Typical ranges for x and y in a pristine g-MnO2 sample are
0.06–0.08 and 0.04–0.12, respectively [4]. Both of these features
also decrease the stoichiometry of manganese dioxide to MnOn,
where n ranges from 1.90–1.98. A more recent advance in
structural development was made by Chabre and Pannetier [5]
who proposed the presence of microtwinning in the (021) and
(061) planes within the g-MnO2 structure. This model was quite
successful in explaining some of the features observed in the
X-ray diffraction (XRD) pattern of g-MnO2; however, conflicting
high resolution TEM data highlights the uncertainty associated
with whether microtwinning does actually exist [6,7].

Commercial production of g-MnO2 is mostly via electrolysis,
leading to the designation electrolytic manganese dioxide (EMD)
[8]. Here the EMD is deposited anodically (10–100 A/m2) onto a
titanium substrate from an acidic (0.05–0.5 M H2SO4) solution of
MnSO4 (0.1–2.0 M) at temperatures over 90 1C. While the ranges
for these synthesis variables are quite broad, the specific
conditions necessary for making high performance g-MnO2 are
quite narrow indeed. Following deposition, the EMD is mechani-
cally stripped from the anode then milled to a mean particle size
of �45mm, washed and neutralized with aqueous NaOH, and then
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Fig. 1. Schematic structural diagrams of (a) pyrolusite (b-MnO2); (b) ramsdellite

and (c) De Wolff’s model for g-MnO2 showing the intergrowth between pyrolusite

and ramsdellite domains.
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dried before being ready for use. While electrodeposition is the most
common approach to making g-MnO2 (3�105 t per annum), it is by
no means the only way. Numerous other methods have been
developed [9–11]; however, of most interest to this work is its
synthesis via acid digestion of a lower manganese oxide such as
Mn2O3 or Mn3O4 [11]. In our previous work in this area [12] we
generated a phase diagram (Fig. 2) detailing the solid state phases
that result from the acid (H2SO4) digestion of Mn2O3. Within the
domain of g-MnO2 stability, the effects of [H2SO4] and temperature
were examined and found to impact on the pyrolusite content (Pr),
cation vacancy fraction (x) and Mn3+ content (y) of the resultant
material. Here we report on the effect that these synthesis variables
have on the kinetics of g-MnO2 phase formation.
2. Experimental

2.1. Starting material and reagents

The Mn2O3 starting material was prepared by heating
commercially available EMD (Delta EMD Australia Pty Limited)
at 550 1C for 24 h, after which time it was phase pure as deter-
mined by XRD. Suitable concentrations of H2SO4 solutions
were prepared by diluting AR grade concentrated H2SO4

(Sigma-Aldrich) with ultra-pure Milli-Q water.
2.2. Digestion procedure

The general digestion procedure involved immersing Mn2O3 in
different concentrations of H2SO4 solutions (0.5–2.0 M), at
different temperatures (from ambient up to 100 1C), for varying
lengths of time (from 3 h up to 4 days). The range of experimental
conditions covered is also shown in Fig. 2, emphasizing our focus
on the synthesis of g-MnO2. The specific synthesis method
involved placing separate 10.00 g samples of the Mn2O3 starting
material into a number of separate 250 mL glass-stoppered
Erlenmeyer flasks. The number of flasks chosen was determined
by how many data points were to be collected during the kinetic
experiment (typically 10). Pre-heated 100 mL aliquots of an
appropriate concentration of H2SO4 solution were then added to
each flask to initiate the digestion process. The identical flasks
were then placed into an oven set at the digestion temperature.
Each flask was agitated periodically throughout the course of the
digestion experiment. After various pre-determined times an
individual flask was removed from the oven, filtered and washed
thoroughly with ultra-pure Milli-Q water, before being dried in air
at 60 1C. The sample was then subjected to an XRD analysis to
determine its phase composition.

2.3. XRD Characterization

XRD analysis of each sample was carried out using a Philips
1710 diffractometer equipped with a Cu anode to generate CuKa
radiation (l ¼ 1.5418 Å). Each diffraction pattern was collected in
the 2y range 101–801 using a step size of 0.051 and a count time of
2.5 s per step.
3. Results and discussion

3.1. Digestion thermodynamics

The digestion of Mn2O3 in H2SO4 solutions is believed to
proceed via a dissolution–precipitation mechanism involving
disproportionation of a soluble Mn(III) intermediate [12]; i.e.,

dissolution : Mn2O3 þ 6Hþ22Mn3þ
þ 3H2O (2)
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disproportionation-precipitation :

2Mn3þ
þ 2H2O2MnO2 þMn2þ

þ 4Hþ (3)

overall : Mn2O3 þ 2Hþ2MnO2 þMn2þ
þH2O (4)

The dissolution step in the mechanism (Eq. (2)) was proposed
based on the domain of soluble Mn(III) stability in low pH solution
in the Eh–pH diagram for the Mn–H2O system [13]. In short,
decreasing the pH (or increasing the acid concentration) leads to
the dissolution of more Mn(III) into the electrolyte. The equili-
brium constant for this step in the mechanism is given by

K2 ¼
ðaMn3þ Þ

2

ðaHþ Þ
6
¼ 6:0� 10�3

ðat 25 �CÞ (5)

indicating that this reactants-favoured equilibrium requires a
relatively high proton concentration to achieve significant
solubilization of Mn(III) [14].

In previous work, Welsh [15] has investigated the dispropor-
tionation-precipitation stage of the mechanism as part of a study
into the electrodeposition of manganese dioxide. This author
determined that the equilibrium constant for Eq. (3) was heavily
products-favoured (1.8�106 at 15 1C) and increased by an order of
magnitude when the temperature was increased (2.0�107 at
100 1C). These equilibrium constants were, however, considerably
less than that calculated from thermochemical data [14]; i.e.,

K3 ¼
ðaMn2þ ÞðaHþ Þ

4

ðaMn3þ Þ
2
¼ 3:0� 109

ðat 25 �CÞ (6)

As mentioned by Welsh, the equilibrium constants he determined
were based on concentrations rather than activities, which could
potentially explain the differences. Combining Eqs. (5) and (6)
allows us to determine an overall equilibrium constant for Eq. (4);
i.e.,

K4 ¼ K2 � K3 ¼
ðaMn2þ Þ

ðaHþ Þ
2
¼ 1:7� 107

ðat 25 �CÞ (7)

Of most importance in Eq. (7) is that the overall reaction is very
products-favoured. What remains to be determined is the kinetics
of this overall process, and what effect acid concentration and
temperature have on the rate of reaction.

3.2. Origins of g-MnO2 structural variety

Before examining the kinetics of transformation, it is appro-
priate at this point to comment on the manganese dioxide
structural variety within the range of experiments carried out.
Within the temperature and H2SO4 concentration domain we have
chosen for study, previous work has shown that g-MnO2 is the
manganese dioxide phase produced after seven days of immersion
[12]. While g-MnO2 is the general crystal structure produced,
variability within this classification was apparent in terms of the
proportion of pyrolusite present (Pr), the cation vacancy content
(x), the Mn3+ content (y), as well as the proportion of microtwin-
ning (Tw). Qualitatively, an increase in H2SO4 concentration led to
a decrease in Pr and y, but an increase in x, whereas an increase in
temperature led to an increase in Pr, and a decrease in both x and
y. The effects on microtwinning have not been included because
the trends in this parameter were not statistically significant.

The approach taken to explain the variations in g-MnO2

structure is based on the pyrolusite and ramsdellite structural
components, and how the individual octahedra in these domains
are interconnected. Examination of the pyrolusite schematic in
Fig. 1 shows that there are equatorial–equatorial edge sharing and
equatorial–axial corner sharing octahedral linkages. Ramsdellite
also has these linkages, as well as equatorial–axial edge sharing
linkages, which is what differentiates it from pyrolusite. The
manganese dioxide structure formed is determined by the way in
which the soluble Mn(III) intermediate condenses from solution.
The Mn(III) intermediate is likely to exist in solution as the hexa-
aquo complex [Mn(OH2)6]3+, the condensation of which begins by
hydroxylation [16]; i.e.,

½MnðOH2Þ6�
3þ2½MnðOH2Þ5ðOHÞ�2þ þHþ (8)

Since Mn(III) is Jahn–Teller distorted, the proton lost is most likely
to have come from an equatorial location since there is a higher
electron density between the Mn and O (shorter bond), and hence
less between O and H. Condensation of the hydroxylated species
in Eq. (8) can then occur via (i) olation, which leads to an
equatorial–axial corner sharing linkage (common to both pyrolu-
site and ramsdellite), or (ii) oxolation, to form either an
equatorial–equatorial edge sharing linkage or an equatorial-axial
linkage [16]. The equatorial–axial linkage formed via oxolation is
preferred because it makes use of an axial H2O molecule as a
leaving group. This linkage is also unique to ramsdellite.

The structure of the resultant g-MnO2 depends on the relative
amount of equatorial–axial corner sharing (olation) and equator-
ial–axial edge sharing (oxolation). If olation predominates then a
high Pr will result. Conversely, if oxolation can occur, then Pr will
be low. This may be the result of an exothermic hydrolysis
reaction (Eq. (8)), which would shift the equilibrium to the
reactants side and hence form fewer hydrolysed Mn(III) mole-
cules. This would result in a lower likelihood of two hydrolyzed
Mn(III) molecules colliding and reacting in a concerted fashion. A
higher digestion temperature may also provide enough thermal
energy to more effectively overcome an activation barrier for
olation to occur. Whilst olation must occur to form the g-MnO2

structure, a higher temperature may further promote its occur-
rence.

The H2SO4 concentration can influence the digestion process in
two ways. Firstly, increasing the H2SO4 concentration leads to a
more soluble Mn(III) intermediate, thus providing more of the
[Mn(OH2)6]3+ species for subsequent hydrolysis (Eq. (2)). How-
ever, increasing the H2SO4 concentration would also inhibit the
hydrolysis reaction (Eq. (8)), hence limiting condensation by
oxolation due to the lack of hydrolyzed Mn(III) species. Clearly a
competition exists between these processes, in which fewer
[Mn(OH2)5(OH)]2+ molecules favour olation, and hence a higher
Pr value. Since Pr decreases as the H2SO4 concentration increases,
this suggests that the dissolution reaction (Eq. (2)) to produce
more soluble Mn(III) is the dominant reaction, rather than
hydrolysis suppression. Therefore, more [Mn(OH2)5(OH)]2+ mole-
cules are formed increasing the likelihood that equatorial–axial
edge sharing linkages will be formed.
3.3. XRD data and analysis

A typical sequence of XRD patterns for the conversion of
Mn2O3 into MnO2 is shown in Fig. 3, in this case using 0.7 M H2SO4

at ambient temperature. Note the transition from Mn2O3 into
g-MnO2, which is consistent with the phase diagram generated in
previous work [12], and shown in Fig. 2. In Fig. 4 we show the
sequence of XRD patterns for a set of conditions approaching the
phase border between g- and b-MnO2 in Fig. 2; i.e., Mn2O3

digestion in 1.0 M H2SO4 at 80 1C. Here we see that the Mn2O3 first
transitions to g-MnO2 and then to b-MnO2, suggesting that
g-MnO2 is formed first as the kinetically stable (metastable)
product. In both of these cases, and also in all experiments, the
ultimate phase of manganese dioxide that should form is b-MnO2

because it is the thermodynamically stable phase [14]. Therefore,
the domain of g-MnO2 stability indicated in Fig. 2 effectively
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represents only a metastable state. Ultimately, the g-MnO2 will
convert to b-MnO2, its just that the time frame of the
experiments, particularly at lower temperatures, was not suffi-
ciently long to observe this conversion.

To obtain kinetic data from the XRD patterns, particularly for
the conversion of Mn2O3 to g-MnO2, we first fit a Lorentzian line-
shape combined with a linear background to selected diffraction
peaks in the range 191–5812y; i.e.,

I ¼
W2

4

Imax

ðW=2Þ2 þ ð2y� mÞ2
(9)

where I is the predicted normalized intensity, W is the peak width
at half height (12y), Imax is the maximum normalized intensity and
m the peak position (12y). Linear least squares regression was used
to minimize the difference between experimental and predicted
curves. This analysis was carried out for peaks at 23.11, 32.91 and
55.112y representing Mn2O3, and those at 21.91 and 37.012y for
g-MnO2. Because the phases of manganese dioxide we are dealing
with are quite disordered and hence have quite broad peaks
(in particular the g-MnO2 phase) determining the proportion of
each phase present in a mixture is best carried out using peak area
rather than just the intensity. Therefore, for the selected peaks for
each phase, the area under the curve was determined using
numerical integration. All measured areas were then expressed
relative to the corresponding peak area in the phase pure Mn2O3

and g-MnO2 samples. In this way the proportion of each phase
present is expressed in terms of a mole fraction (X). A typical
example of mole fraction as a function of time is shown in Fig. 5,
this time for Mn2O3 digested in 2.0 M H2SO4 at 40 1C.
At this stage we have compositional information as a function
of time for the digestion of Mn2O3 to g-MnO2. To quantify this
conversion in terms of for instance a rate constant, a model is
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needed to describe the digestion process. Numerous models have
been developed to describe the structural conversion of solid state
materials, including (i) the Avrami expression [17], in which the
solid state transformation involves nucleation and growth stages,
and (ii) the Jander expression [18], which is a three-dimensional
diffusion controlled process. Of these, the use of Avrami expres-
sion was found to be most common [19], and so we have used it as
the basis of our kinetic analysis. From the sample data shown in
Fig. 5, it is apparent that there is a short induction period before
the transformation begins. The origin of this induction period is
probably saturation of the electrolyte with Mn(III) as a result of
Mn2O3 dissolution before disproportionation occurs. Evidence to
support this is in Fig. 5, where the disappearance of Mn2O3 occurs
faster than g-MnO2 formation. To include this induction period,
we have used a modified Avrami expression to model the
formation of g-MnO2; i.e.,

XMnO2
¼ 1� expð�kðt � tiÞÞ

n (10)

where XMnO2
is the mole fraction of manganese dioxide formed,

k is the rate constant (h�1), t is the time (h), ti the induction time
(h), and n is a constant whose value depends on the nature of the
nucleation and growth process. Strictly speaking the Avrami
expression employs the volume fraction rather than mole frac-
tion [19]. In this work the measured densities of the two
components were similar (4.70 g/cm3 for Mn2O3 and 4.45 g/cm3

for g-MnO2) meaning that the use of mole fraction is justified.
While fitting Eq. (10) to experimental data (using linear least
squares regression), we found that n almost always has a value
close to unity (0.95ono1.05), and so we have assumed n ¼ 1
throughout. The implication of this result is that the transforma-
tion of Mn2O3 to g-MnO2 follows first-order kinetics. A similar
expression to Eq. (10) can be deduced for Mn2O3 consumption;
i.e.,

XMn2O3
¼ expð�k0ðt � t0iÞÞ

n0 (11)

Fitted data based on Eqs. (10) and (11) have been included in
Fig. 5. As can be seen in this figure, the greatest variability between
experimental and predicted data occurs for Mn2O3 disappearance at
low Mn2O3 mole fractions. The origin of this variability is most
probably associated with extracting reliable peak fitting data from
the XRD data when there is less than 10% of a phase present.

Eqs. (10) and (11) were applied to the kinetic data available,
with the resultant rate constant data shown in Fig. 6(a) for Mn2O3

disappearance and Fig. 6(b) for g-MnO2 formation. As can be seen
the rate constants increase dramatically as both acid concentra-
tion and temperature were increased. As mentioned in the
Experimental, digestion experiments were also conducted at
100 1C; however, the rate of g-MnO2 formation was not able to
be observed since it was overwhelmed by the formation of the
thermodynamically stable product b-MnO2, as suggested in Fig. 4.
It is also apparent from the rate constants in Figs. 6(a) and (b) that
Mn2O3 disappearance occurs faster than g-MnO2 formation,
particularly at high acid concentrations and temperatures. The
reason for this is due almost solely to the behaviour of the Mn(III)
intermediate. In low acid concentration electrolytes very little
soluble Mn(III) is formed because the equilibrium in Eq. (2) is a
reactants orientated equilibrium (K2 in Eq. (5)). As such, there are
very few Mn(III) species liberated to solution and available for
disproportionation to occur (Eq. (3)). This is despite the fact that
this equilibrium is heavily products orientated. Hence the rate of
this second step is limited by the formation of soluble Mn(III)
species in the first step. As we move to more concentrated acid
electrolytes, the concentration of soluble Mn(III) increases, as is
the rate at which it forms, since in effect we have added more
reactant to the system. At the same time, the rate of dispropor-
tionation is also expected to increase because again we have more
reactant available. While this explanation seems straightforward,
the overall reaction rate is somewhat complicated by the inherent
instability of the soluble Mn(III) species [13]. In low acid
concentration electrolyte, soluble Mn(III) has limited stability,
either hydrolysing and re-precipitating as Mn2O3, or dispropor-
tionating in contact with another Mn(III) species to form g-MnO2.
An interesting question that arises here is whether the soluble
Mn(III) species disproportionates with another soluble Mn(III) ion,
or whether it disproportionates with solid Mn(III) on the substrate
(Mn2O3) surface. Addressing this question is beyond the scope of
the present communication. When the acid concentration
increases so too does the stability of soluble Mn(III), to the point
where a stable solution of Mn(III) species can be prepared. Under
these conditions we are apparently losing the driving force for
disproportionation to occur, potentially to the point where the
disproportionation reaction becomes overall reaction rate limit-
ing. However, in this work where we have limited the H2SO4

concentration to 2.0 M, Pourbaix [13] has indicated soluble Mn(III)
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is still quite unstable, the rate constant data we have would
suggest that this is not the case since g-MnO2 did indeed form.
This apparent loss of driving force is most likely due to the
absence of a suitable nucleation site, the formation of which takes
more time, the more the acid concentration.

The induction time necessary for the disappearance of Mn2O3

and formation of g-MnO2 as functions of acid concentration and
temperature are shown in Fig. 7(a) and (b), respectively. What is
apparent from these data is that the use of low acid concentra-
tions and temperatures results in a substantial induction time
being necessary for reaction to occur, most likely for the reasons
related to Mn(III) solubility and stability discussed previously.
These data do show, however, that under the conditions
considered, disproportionation of Mn(III) species with its required
nucleation, does not lead to a noticeable induction period.

As we have already seen in Fig. 6, increasing the reaction
temperature increases the rate of reaction. The basic equation
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relating kinetic rate constants to the temperature of the reaction is
the Arrhenius Eq. [19]; i.e.,

k ¼ A exp
�EA

RT

� �
or lnðkÞ ¼ lnðAÞ �

EA

RT
(12)

where A is the pre-exponential factor (s�1), EA the activation
energy for the process (J/mol), and R and T have their usual
significance. After plotting ln(k/s) versus 1/(T/K) the activation
energy for the overall reaction was determined, as shown in Fig. 8.
This figure shows that the activation energy for Mn2O3 removal
is almost always greater than the activation energy for the
formation of g-MnO2, suggesting that it is the dissolution of
Mn2O3 that is the rate determining step. The only exception is at
the lowest acid concentration examined where the trend was
reversed. In this case the effect of very low Mn(III) dissolution may
have impacted on its subsequent disproportionation.
4. Summary and conclusions

The kinetics of Mn2O3 digestion in various H2SO4 solutions
(0.5–2.0 M) and at various temperatures (ambient up to 80 1C) has
been investigated using XRD. The digestion process has been
broken down into two stages: namely; (i) dissolution of the
Mn2O3 into soluble Mn(III) species in the electrolyte, which was
monitored in the XRD data by the rate of Mn2O3 disappearance;
and (ii) the disproportionation of soluble Mn(III) into manganese
dioxide and soluble Mn(II), the kinetics of which were monitored
in the XRD patterns by the rate of manganese dioxide formation.
This range of H2SO4 concentrations and temperatures were
chosen such that g-MnO2 was the phase of manganese dioxide
produced. The kinetic data for both Mn2O3 disappearance and
g-MnO2 formation were modelled using a first-order Avrami
expression that had been modified to produce a rate constant (k),
as well as an induction time (ti) between when the experiment
started and changes were observed to occur. Rate constants
ranged from 0.02 to 0.98 h�1 for Mn2O3 disappearance and 0.03 to
0.42 h�1 for g-MnO2 formation. In all cases the rate constant for
Mn2O3 disappearance was larger than that for g-MnO2 formation.
Despite these values, it was also deduced that both steps in the
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digestion limited the kinetics since the dissolution stage led to
only very dilute soluble Mn(III) solutions, which in turn limited
the rate of disproportionation. Overall the fastest kinetics were
observed when more concentrated H2SO4 solutions (and hence
greater Mn(III) solubility) and a higher temperature (expected)
were used.
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