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Electrochemical oxidation of Mn 2+ in sulphuric acid to form MnO2 was studied using stationary and 
rotating plat inum/plat inum ring-disc electrodes. It appears that nucleation of  MnO 2 is governed by 
an equilibrium involving a Mn(III) intermediate. Growth of  MnO2 involves the reduction of MnO2 
surfaces by Mn 2+ ions in the solution to form M n O O H  intermediates. The subsequent electrochemical 
oxidation of  M n O O H  releases a hydrogen ion and results in the formation of  MnO 2. The rate 
constant of  M n O O H  oxidation to MnO2 was estimated to be 40 s ~. With a sufficient supply of  Mn 2+ 
ions, a layer of  M n O O H  is built up and the in-solid diffusion of  hydrogen ions becomes the rate- 
determining-step. With a low Mn 2+ concentration, diffusion of  Mn 2+ ions from bulk electrolyte to the 
MnO2/electrolyte interface is a factor controlling the growth of  MnO2. The activation energy and the 
pre-exponential term of  the diffusion coefficient of  Mn 2+ in 0.5 M sulphuric acid were determined to 
be 44.8 k Jmot  -T and 100cm 2 s -~ , respectively. 

1. Introduction 

Electrolytic manganese dioxide (EMD) is a very 
important cathode material for high performance dry 
cells. Typically, it is deposited on an inert anode from 
an acidic bath containing manganese sulphate at a 
temperature around 90~ [1]. A number of mechan- 
istic studies of this reaction have been published in the 
literature [2-12], some of which provide contradictory 
interpretations of the results. EMD is nonstoichio- 
metric and possibly contains bound water [13] and low 
valent manganese oxides [14, 15] such as MnOOH. In 
industrial practice, dispersed fine MnO2 particles can 
be seen in the bath and in the lines of spent electrolyte. 
These dispersed particles are not believed to originate 
from the electrode surface. They are more likely the 
product of a secondary chemical reaction involving 
intermediates in the electrolyte. 

The conception of the electrochemical oxidation of 
Mn 2§ in dilute sulphuric acid to form EMD has 
changed from a mediated oxidation to a direct oxi- 
dation. The mediators proposed in the fifties, such as 
hydroxyl radicals [2] and persulphate ions [3], were 
questioned by later investigators simply because the 
thermodynamic potentials for the formation of the 
mediators were higher than that of Mn 2+ oxidation to 
MnO2 [16]. Zaretskii et al. [4] proposed a direct oxi- 
dation of Mn 2+ to Mn 3+ or Mn 4§ . Mn 3+ underwent 
disproportionation to produce Mn 2+ and Mn 4+ which 
was hydrolyzed to form MnO2. Thermodynamically, 
Mn 2+ oxidation forming MnO2 can proceed at a lower 
potential than that to either Mn 3+ or Mn 4§ . Fleisch- 
mann et al. [5] explained this difference in potential by 
assuming that Mn 3+ and Mn 4§ intermediates were 
adsorbed on the electrode surface. The subsequent 

dehydration of the adsorbed Mn 4+ ions forming 
MnO2 was the rate-determining step (l~.d.s.). Growth 
of MnO2 proceeded three-dimensionally. A mechan- 
ism involving multi-step dissociation of adsorbed 
manganese(IV) hydroxides was offered. 

Sugimori et al. [6] suggested that MnOOH was an 
intermediate in Mn 2+ oxidation to MnO2. Sato et al. 
[7] proposed that Mn 2§ reduced the MnO2 surface to 
form MnOOH which was then oxidized electrochemi- 
cally to MnO2. Jorgensen [8] argued that the r.d.s, of 
EMD deposition was electron conduction through the 
semiconducting MnO2 deposit. Paul and Cartwright 
[9, 10] speculated the formation of porous solid inter- 
mediates like MnOOH, Mn203 and Mn(OH)4 during 
oxidation of Mn 2§ on growing MnO2. Mn ~§ diffused 
through the porous layer to the MnO2 surface for 
oxidation. A steady state was established when the 
diffusion rate of Mn 2§ into the pores matched the 
conversion rate of the intermediates to MnO2. They 
estimated the thickness of the intermediate layer, 
based on the results of impedance measurements and 
rotating-ring-disc experiments [10], to be 2 to 10/~m. 
At this laboratory, solid MnO2 less than 10 #m thick 
had been successfully deposited onto a smooth titanium 
electrode substrate. X-ray diffraction analysis of the 
deposit, accumulated from several runs, revealed only 
the presence of 7-MnO2. 

Grzegorzewski and Heusler [11] investigated MnO2 
electrodes using a rotating quartz frequency balance 
and concluded that charge transfer ofmanganous and 
oxygen ions were statistically independent steps and 
water was built into the oxides. The temperature 
and acidic strength applied in their study were far 
lower than those practiced in production [1]. Using 
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surface-enhanced Raman  spectroscopy, Gosztola and 
Weaver [12] identified intermediates of  M n O O H  and 
Mn(IV)-O-Mn(I I I )  species during reduction of several 
equivalent monolayers of  MnO2 to Mn(OH)2. They 
claimed that Mn(OH)2 could be reoxidized to form 
MnO2 via the M n O O H  intermediate. 

Experiments were conducted in this lab to study the 
electrochemical oxidation of  Mn 2+ at a platinum elec- 
trode. Carbon or titanium anodes are normally used 
to produce EMD. Carbon is subject to corrosion at 
a high anodic potential in sulphuric acid and can be 
damaged during removal of  the MnO2 deposit. The 
history and surface cleanliness of  a titanium electrode 
are critical to production of EMD. Etching and clean- 
ing of a titanium electrode after each harvest cycle are 
necessary to obtain consistent results. Because of the 
above drawbacks in these materials, a platinum elec- 
trode was chosen for this study. After all, when the 
electrode was completely covered with EMD, deposi- 
tion essentially occurred on a MnO2 electrode. The 
electrode substrate simply acted as a current collector 
and had no contribution to the growth of MnO2. 
Cyclic vol tammetry and chronoamperometry  of  Mn 2+ 
oxidation in sulphuric acid at stationary and rotating- 
ring-disc platinum electrodes at temperatures ranging 
from 80 to 95~ are reported. 

2. Experimental details 

A plat inum/plat inum rotating-ring-disc electrode 
(RRDE)  (Pine Instrument  Company,  Grove City, PA) 
with a geometric disc area of  0.46 cmz was used. The 
ring-disc electrode (RDE) was first polished with a 
1 ktm diamond compound (Buehler Ltd, Lake Bluff, 
IL) and then rinsed thoroughly with deionized water 
(DI water). The electrode was next treated in I M 
sulphuric acid by cycling repetitively between - 0 . 2  
and + 1.4 V against an Ag/AgCI (saturated KC1) ref- 
erence electrode at a scan rate of  500 mV s-l  until a 
static current-potential profile previously described 
[17] was obtained. The electrode was then oxidized at 
about  + 1.5V with respect to Ag/AgC1 for 2rain and 
stored in 1 M sulphuric acid. Prior to the experiments, 
the electrode was reduced at - 0.2 V against Ag/AgC1 
in 1M H2SO4 for 2rain to remove the oxide layer 
before transferring to the test solutions. This reduced 
electrode is herein defined as the clean platinum elec- 
trode. The measured collection efficiency of this RDE,  
using the ferri-ferrocyanide redox system, was 0.153. 

A Pine RDE4 dual potentiostat  (Pine Instrument  
Company,  Grove City, PA) and a PARC 173 poten- 
tiostat with a PARC 175 Universal Programmer  
(Princeton Applied Research Corp., Princeton, N J) 
were used for potential control. The ring potential 
was held constant at either + 0 . 6 V  or + 0 .7 V .  An 
Omnigraphic 2000 (Houston Instrument,  Irvine, CA) 
and Gould 3054 X - Y  recorder (Gould Inc., Rolling 
Meadows, IL) were used for data  acquisition. The 
experimental error in current measurements was typi- 
cally less than 5%. All the electrode potentials in the 
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Fig. 1. CV's of Mn 2+ oxidation and reduction of MnO 2 deposit 
at the (a) platinum disc, and (b) ring electrodes. The electrolyte 
contains 10mM MnSO 4 and 0.5M H2S Q at 90~ Scan rate is 
10mVs t. The ring potential is held constant at +0.6V with 
respect to Ag/AgC1. 

text are referred to an Ag/AgC1 (saturated KC1) refer- 
ence electrode. 

Manganous sulphate and sulphuric acid were ana- 
lytical reagents from Fisher Scientific (Pittsburgh, 
PA). DI  water was used for preparation of solutions. 
The temperature of  the electrolyte, ranging from 80 to 
95 ~ C, was sustained using a heating mantle and was 
controlled within _+ 1 ~ C. The rotation rate applied to 
the electrode was between 0 and 3600 r.p.m. 

3. Results 

The temperature for EMD deposition is typically 
between 88 ~ C and the boiling point of the electrolyte. 
We extended the range to room temperature to obtain 
more kinetic information. However, MnO 2 deposition 
became inconsistent at temperatures lower than 80 ~ C. 
Peeling and loss of MnO2 deposits were frequently 
observed. Therefore, the low temperature limit in this 
study was set at 80 ~ C. 

3.1. Cyclic voltammetry 

Figure la  shows typical disc cyclic vol tammograms 
(CVs) for Mn 2+ oxidation and reduction of MnOz 
deposits in sulphuric acid at 90 ~ C at different rotation 
rates. The profile of  CVs at other temperatures was the 
same. The onset of  oxidative current in the anodic 
scan was about  1.05V. Around 1.18V, the current 
rose sharply until the maximum was reached at a 
potential beyond 1.22V. A similar sharp rise in oxi- 
dative current was also observed a t  both a glassy 
carbon and a smooth titanium electrode [18]. The foot 
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Fig. 2. Current as a function of time for Mn 2+ oxidation at the 
platinum/platinum RDE in 0.5M H2SO 4 with 10mM MnSO 4 at 
80~ The disc potential is scanned at a rate of 10mVs -~ from 0V 
to (a) 1.173V and (b) 1.164V and then held constant. Time is set 
at zero when the scan is terminated. The ring potential is constant 
at 0.6 V with respect to Ag/AgCI. The rotation rate is 200 r.p.m. 

potential at which current rises sharply is herein 
defined as the critical potential. The anodic current 
stayed relatively constant to the switching potential at 
low rotation rates but decayed at high rotation rates. 
Regardless of  the rotation rate the current seemed to 
approach a limiting value at high voltages before the 
onset of oxygen evolution. The disc current decayed in 
the reverse scan and crossed over the anodic waves at 
a potential between 1.2 and 1.1 V before the reduction 
of MnO2 deposits. 

The peak potential of  MnO2 reduction was about  
1.08V. Additional waves at less positive potentials 
were observed at high rotation rates. Irrespective of  
the rotation rate and oxidative charge passed during 
the anodic sweep, the shape of  the first reduction peak 
was the same. The peak was somewhat symmetrical 
and the half-wave-width was about  55 mV, equivalent 
to that of  a two-electron ideal Nernstian reduction of  
strongly adsorbed species [19]. The charge under the 
first reduction peak, corrected for the background, 
was 32% to 41% of  the oxidative charge in the anodic 
sweep. This ratio was as high as 55% if the additional 
reductive wave was included. The charge ratio sug- 
gested one-electron reduction of the MnO2 deposit. 

The corresponding ring currents are shown in 
Fig. lb. The ring currents initially rose with the disc 
currents and then dropped abruptly to form "peaks"  
at the critical potentials. The collection efficiency of 
the rising ring current was consistent with the theoreti- 
cal value. Beyond 1.18V, when E M D  deposition 
occurred, the collection efficiency was in the order of  
10 -3 .  In the reverse scan a finite ring current, which 
increased with rotation rate, was detected. 

3.2. Effects of applied anodic potential 

MnO: could be formed at a potential less positive than 
the critical potential. As shown in Fig. 2, the disc 
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Fig. 3. Current against time for Mn 2 ~ oxidation at the (a) clean, and 
(b) MnO 2 coated platinum electrode in 0.5 M H2SO 4 with [0ram 
MnSO 4 at 80 ~ C. Potential of the electrode is stepped from 0.70 to 
1.24V with respect to Ag/AgCI. 

potential scan from 0V to a potential between 1.05 
and 1.18 V was stopped and then held constant. This 
constant potential is herein defined as the "end poten- 
tial". The disc current started rising and the deposi- 
tion of E M D  was observed after a period of induction 
time. The induction time required for deposition to 
take place was a function of the end potential, being 
longer for a less positive value. When the end potential 
approached the critical potential the induction time 
became very sensitive to the end potential. The ring 
current, on the other hand, stayed relatively constant 
after the termination of  the potential scan. 

3.3. Chronoarnperometry 

An example of  the chronoamperometr ic  study on 
Mn 2+ oxidation at a stationary electrode is shown in 
Fig. 3. When a potential step from 0.70 V to various 
anodic potentials was applied to a clean electrode, an 
induction period was observed. The induction time 
was shorter for higher applied overvoltage. MnO2 
continued to grow after the induction period until dif- 
fusion of Mn 2+ from the bulk electrolyte became a 
limiting factor. When the same potential step was 
applied to an electrode pre-coated with a layer of  
MnO2, no induction time was observed and the cur- 
rent decay followed the Cottrell equation (Curve b, 
Fig. 3). The diffusion coefficients of  Mn 2+ in 0.5 M 
H 2 S O  4 a t  80, 90 and 95~ were measured from the 
current decay to be 2.38 x 10 5, 3.55 x 10-5, and 
4.47 x 10 -s cm 2 s 1, respectively. The diffusional 
activation energy and the pre-exponential term were 
then determined from the Arrhenius plot to be 44.8 kJ 
mo1-1 and 100cm 2 s 1, respectively. 
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3.4. Effects o f  rotation rates, soak time, 
and scan rate 

The Levich plot of  the data from Fig. 1 is shown in 
Fig. 4. In one experiment a constant anodic charge 
sufficient to generate a 0.15 #m thick MnO 2 deposit 
was passed in 20 s. The electrode was removed, rinsed 
with DI  water, soaked in sulphuric acid containing 
various concentrations of  Mn 2+ for a period of  time 
and rinsed again. The electrode was then transferred 
to sulphuric acid electrolyte not containing Mn 2+ and 
conditioned by applying a constant potential of  1.3 V 
for 1 rain before applying a cathodic scan. The charge 
under the first reduction peak was integrated and nor- 
malized to that with zero soak time. The normalized 
charge against soak time is shown in Fig. 5. The effect 
of  scan rate on the anodic wave is shown in Fig. 6. 

4. Discussion 

4.1. Initial step of  Mn 2+ oxidation 

The theoretical collection efficiency observed at the 
rising portion of the ring current (Fig. 1) suggested 
that initial oxidation of  Mn 2+ did not result in MnO2 
deposition. The possibility of  forming solid MnO2 in 
the electrolyte was also ruled out because reduction of  
MnO2 at the ring potential was a one-electron process 
which would yield one-half of  the theoretical collec- 
tion efficiency. A precursor of  MnO2 such as a Mn 3+ 
ion could be the initial oxidation product. The adsorp- 
tion of Mn 2+ onto platinum surfaces did not appear  to 
occur. Vol tammograms from - 0 . 1 5  to 1.10V were 
obtained of the platinum disc electrode at 80~ in 
0.5 M sulphuric acid with and without 1 mM MnSO4. 
There was no discernible differences between the two 
vol tammograms which would indicate the adsorption 
of Mn 2+ onto the platinum surface. The surface low 
oxides and high oxides which are reactive in some 
systems [17] were apparently not involved in Mn 2+ 
oxidation. Observed similar behaviour [18] of  Mn 2+ 
oxidation at glassy carbon and smooth titanium elec- 
trodes, which did not have active surface oxides, 
supports the argument.  

The first step of Mn 2+ oxidation at a clean platinum 
electrode can be either a one-electron oxidation to 
Mn 3+ or two-electron oxidation to Mn 4+ .Vetter  et al. 
[21] reported equilibrium potentials for the Mn 2 +/Mn 3 + 
and Mn3+/Mn 4+ systems in 15N H 2 S O  4 at  room 
temperature to be 1.29 and 1.46V, respectively. We 
studied the reaction at 80~ and above in the poten- 
tial range up to 1.4 V. Oxidation of Mn 2+ to Mn 3+ and 
Mn 4+ is certainly possible because of less activation 
overvoltage at a higher temperature. 

Either Mn 3+ or Mn 4+ must stay in the solution as 
free ions and be detected at the ring electrode. Adsorp- 
tion of these high valent manganese ions onto clean 
platinum is not impossible. I f  adsorption occurs, satu- 
ration or equilibrium must be quickly established. 
Mn 4+ is not stable in the solution. It  has been known 
that Mn 4+ reacts with water to form Mn(OH)4 which 

dehydrates easily to yield MnO 2 [20]. Figure 2 reveals 
that the initial oxidation product stayed in the solu- 
tion for a long period of time without forming a MnO 2 
deposit. Therefore, Mn 4+ is less likely to be the initial 
oxidation product. The Mn 3+ ions, whose stability 
under the experimental conditions studied has been 
reported in the literature [21, 22], can undergo dis- 
proport ionat ion to yield Mn 2+ and MnO 2. The con- 
centration of  Mn 3+ in the electrolyte is controlled by 
the equilibrium 

2Mn 3+ + 2H20 = Mn 2+ + MnO2 + 4H + (1) 

Solid M n O O H  intermediate can be formed on elec- 
trode surfaces from hydration of Mn 3+ 

Mn 3+ + 2H20 = M n O O H  + 3H + (2) 

The subsequent oxidation of M n O O H  forms MnO2. 
Reactions 1 and 2 are believed to be responsible for 
nucleation of MnO2 at clean platinum surfaces. At a 
high anodic potential or after the induction period. 
Mn 3+ is accumulated and the equilibrium is forced to 
the right to form MnO2. We previously attempted to 
use a thin layer electrochemical cell coupled with a 
spectrometer to identify the intermediate [18]. How- 
ever, the signal-to-noise ratio of the observed absorp- 
tion band by Mn 3+ was too poor  to draw a clear 
conclusion. 

4.2. Growth o f  E M D  

Figure lb shows a static ring current during the 
growth of MnO2, suggesting a substantial constant 
concentration of oxidative product either as the inter- 
mediate or as MnO2 in the electrolyte. Welsh [22] 
reported an equilibrium constant for Reaction 1 to be 
1.6 x 10 7 at 90~ The equivalent Mn 3+ concentra- 
tion under the experimental conditions in Fig. 1, cal- 
culated using this constant, was about  30 #M, or 0.3% 
of the bulk Mn 2+ concentration. An observed collec- 
tion efficiency on the order of  10 -3 , or 0.6% of the 
theoretical value, at the ring electrode for Mn 2+ oxi- 
dation on a growing MnO 2 surface was consistent with 
the calculated fraction of the equilibrated Mn 3+ in the 
electrolyte. Apparently, the equilibrium involving 
Mn 2+, Mn 3+, and MnO2 is sustained during the 
growth of EMD. 

Mn z+ oxidation beyond the critical potential or 
after an induction time is a fast process and results 
directly in the formation of solid MnOz. Diffusion of 
Mn 2+ is a factor controlling the growth of MnO2. The 
measured diffusional activation energy for Mn 2+ in 
0.5 M H2SO4, 44.8 kJ tool -I , is in agreement with that 
reported by Sato et al. [7]. Guidelli and Piccardi [20] 
determined the diffusion coefficient of  Mn 2+ in 15N 
H z S O  4 to  be 0.98 x 10 -6 cm 2 s -1 at 25~ similar to 
our calculated value of  1.42 x 1 0 - 6 c m Z s  -1.  Our 
value is larger because we used a more dilute sulphuric 
acid than did Guidelli and Piccardi. 

The diffusional limiting disc current under the con- 
ditions described in Fig. 1 is calculated using the 
Levich equation. The results are inlaid in Fig. la. The 
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Fig. 4. Levich plots of the disc current (a) and the maximum ring 
currents at (b) and beyond (c) the critical potential. Data are from 
Fig. 1. The dashed line represents the theoretical slope. 

total charges passed in the anodic scan in Fig. 1 would 
generate MnO2 deposits up to 0.4 Fm thick, assuming 
100% current efficiency. This thickness represented 
only 0.06% to 3.4% of  the diffusion layer thickness, 
depending on rotation rate. Flow perturbation caused 
by the deposit was therefore neglected. At low rota- 
tion rates, the experimental results are consistent with 
the calculations. At high rotation rates, however, the 
difference between the experimental results and cal- 
culations increases with rotation rates. The same 
behaviour is again illustrated in Fig. 4, Levich plots 
for the maximum disc current, the first "peak"  ring 
current and the maximum ring current beyond the first 
"peak".  The maximum disc current forms a curve 
while the ring currents show a linear relationship with 
respect to the square root of  rotation rates. 

From Figs 1 and 4, it is evident that the r.d.s, of  
EMD growth changes from diffusion of Mn 2+ to a 
kinetic controlled reaction. The first "peak"  ring cur- 
rent in Fig. 1 reflects the maximum concentration of  
the intermediates in the electrolyte near the clean 
electrode surface. A linear relationship with respect to 
the square root of  rotation rates is expected. The 
changes in the ring current profile during the potential 
scan reflects the shift in equilibrium. 

MnO 2 surfaces can be chemically reduced by Mn 2+ 
to form MnOOH and/or  Mn 3+ depending on the local 
pH and potential. Thus, 

Mn 2+ -+- MnO 2 + H + 

Mn 2+ + MnO2 + 2H20 

, M n O O H  + Mn 3+ 

2MnOOH + 2H + 

(3) 

(4) 

The concentration of Mn 3+ should also satisfy the 
equilibrium in Reaction 1. MnOOH can be oxidized 
to MnO2 by releasing a hydrogen ion. That  is, 

MnOOH , MnO2 + H + + e-  (5) 

Reactions 3 to 5 are supported by the experimental 
observation shown in Fig. 5. Lee et al. [24] studied the 
reduction of  MnO2 in acid and concluded that the first 
peak in the cathodic scan was reduction of  MnO2 to 
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Fig. 5, Effect of open-circuit time on the reduction o f M n O  2 deposit. 
The MnOz deposit is soaked in electrolyte containing (a) 10 raM, 
(b) 100mM Mn 2+ at 90~ before transferring to sulphuric acid at 
the same temperature for conditioning and cathodic reduction. 

MnOOH. Gosztola and Weaver [12] also gave the 
same conclusion in their studies. The ratio of  the 
reduction charge to the anodic charge (Fig. 1) men- 
tioned earlier agrees with this conclusion. Thus, inte- 
gration of the charge under the first reduction peak: 
would reflect the available amount  of  MnO2 deposit 
for the experiment shown in Fig. 5. 

In Fig. 5, the reductive charge for the deposit with 
zero soak time is 51.2% of  the anodic charge passed. 
Additional reductive charge, up to 40% of  that with 
zero soak time, is available when the MnO 2 deposit is 
left open-circuited in the electrolyte containing 10 mM 
Mn 2+ for a short period of time. Competitive Reactions 
3 and 4 occur during soak. A 40% pick up translates 
into a conversion of 0.06/xm thick MnO2 to MnOOH 
during the establishment of the new equilibrium. 
Manganese apparently is picked up via Reaction 4. 
The subsequent conditioning at 1.3 V converts MnOOH 
to MnO2, following Reaction 5, and thereby gives 
more charge during the cathodic reduction. For  a 
prolonged soak, the MnO2 surface is converted to 
MnOOH to slow down Reaction 4. Mn 3+ diffuses 
away to force dissolution of MnOOH to re-establish 
equilibrium (Reaction 2). This would result in loss 
of charge. With a high Mn 2+ concentration (curve b, 
Fig. 5), the MnO2 surface is quickly converted to 
MnOOH. Consequently, pick-up of manganese via 
Reaction 4 is less. Loss of capacity occurs earlier 
because more Mn 3+ is needed to satis~ the equilibrium. 

4.3. Considerations in support of the proposed 
mechanism 

Overall, Mn 2+ oxidation is a two-electron process. 
The different current decays of Mn 2+ oxidation 
at various rotation rates in the RRDE experiment 
(Fig. 1) can be explained by Reactions 3 to 5, a c e  
mechanism. At low rotation rates, Mn 2+ ions at the 
surface of MnO 2 diminish due to slow diffusion from 
the bulk electrolyte. Reaction 5 becomes a fast step, 
compared to Reactions 3 and 4. Therefore, diffusion 
o f  M n  2+ to the electrode surI~ace controls the reaction 
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and the theoretical constant limiting current is estab- 
lished (Figs 1 and 4). The electrode surface is dominated 
by MnO2 and a static Mn 3+ concentration is achieved 
according to the equilibrium expressed in Reaction 1. 
At high rotation rates, the MnO2 surface is dominated 
by MnOOH,  due to the competit ion of  Reactions 3 
and 4. The r.d.s, gradually shifts to Reaction 5, the e 
step. Solid MnO2 formed in Reaction 5 is quickly 
converted to M n O O H  and a layer of  M n O O H  builds 
up. Hydrogen ions from Reaction 5 have to diffuse 
through the solid layer of  the deposit as the oxidation 
proceeds. In-solid diffusion of  H + and perhaps charge 
transfer through the less conductive M n O O H  would 
result in the decay of disc current. Thermodynami-  
cally, M n O O H  may not be a favourable product  at the 
anodic potential. However,  kinetic hindrance includ- 
ing a large iR drop through the E M D  deposit and slow 
in-solid diffusion o f H  + may change the local potential 
and result in the formation of MnOOH.  

The rise of  ring current after the first peak, which 
basically reflects the increasing Mn 3+ concentration, 
must be the result of  the new equilibrium involving 
solid MnO2 and M n O O H  intermediate, such as shown 
in Reactions 2 and 3. This rise would then be balanced 
at high overpotentials when Reaction 5 is accelerated. 
This would cause the reduction of the intermediate 
concentration and the decay of the ring current to 
form the "second peak".  Another  possible cause of 
the "second peak"  is that when a thick layer of  
M n O O H  is building up, diffusion of H + in the solid 
layer becomes the r.d.s, which results in decay of both 
disc and ring currents. Mn 2+ ions are too big to diffuse 
in solid M n O O H  [25, 26]. The transition of r.d.s. 
seems to occur at a rotation rate of  about  400 r.p.m. 
under the conditions described in Fig. 1. Assuming 
that the diffusion rate of  Mn 2+ matches the conversion 
rate of  M n O O H  to MnO 2 at this rotation rate and the 
surface concentration of M n O O H  is 1.6 x 10 -9 mol 
cm -2, the first order rate constant of  Reaction 5 is 
calculated to be 40 s -~ . 

Figure 6 shows a premature decay of  the oxidation 
current at low scan rates and a shift of  current profile 
to more positive potentials at high scan rates. Theoreti- 
cally, the same diffusion limited current should be 
reached irrespective of  scan rate in the R D E  experi- 
ment. The shift of  the disc current profile to a more 
positive potential at high scan rates agrees with the 
hypothesis of  a slow kinetic process in the early stages 
of  Mn 2+ oxidation. The slope of the rising current 
portion is about  the same regardless of  the scan rate, 
indicating fast charge transfer at the growing MnO 2 
surface. The changes in the shape of the current profile 
with respect to the scan rate agrees with the above 
mechanism. At high scan rates, less charge is passed 
and the MnO2 layer is thinner. The in-solid diffusion 
is less significant and the reaction is controlled by 
Mn 2+ diffusing in the bulk electrolyte. The disc cur- 
rent profile is therefore flatter. At low scan rates, more 
charge is passed to form a thicker MnO2 layer as well 
as the intermediate layer. When the in-solid diffusion 
is taking control, the disc current starts deviating from 
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Fig. 6. CV's for M n  2+ oxidation at the platinum disc electrode 
in 0.5M H2SO 4 with 10mM M n S O  4 at 90~ The scan rates are 
(a) 5, (b) I0, (c) 20, and (d) 30mVs t. The rotation rate is 
2500 r.p.m. 

the diffusion current of  Mn 2+ from the bulk electrolyte 
and results in a peak shape. The thickness of  the MnO 2 
deposit at the "peak"  in Fig. 6 was calculated from the 
anodic charge to be 0.079, 0.083, 0.066, and 0.050 gm 
for scan rates from low to high, respectively, Such 
thickness is small compared to the thickness of  the 
diffusion layer of  about  15 #m. Flow perturbation can 
thus be ignored. It is interesting to note that anodic 
current decays when the deposit thickness becomes 
greater than about  0.05 pm. This value is consistent 
with that derived from Fig. 5 for the thickness of  
MnO2 converting to M n O O H  during soak. 

Based on the proposed mechanism, the maximum 
current to practice E M D  deposition is related to the 
diffusion rate of  H + in the solid. It  is the general 
consensus that a current density of  about  10 mA cm -2 
is the highest limit to achieve E M D  deposition at 
90~ with 100% current efficiency. The diffusion 
coefficient of  H + in solid MnO 2 has been determined 
to be 2.0 x 10 - t 2  cm 2 s -1 at 90 ~ C [25]. Assuming that 
the diffusion coefficient of  hydrogen ions in the solid 
M n O O H  phase is the same as that in MnO2, the 
diffusion thickness required to achieve 1 0 m A c m  2 
can be calculated if the regional H + concentration is 
known. The maximum regional H + concentration, 
derived from the M n O O H  lattice data [27], is about  
0 .045molcm 3. The maximum thickness of  the 
M n O O H  layer is calculated using Fick's first law to be 
0.02 #m. This value is the same order of  magnitude as 
that derived from Figs 5 and 6. 

An increase in the temperature of  the solution from 
80 to 95~ resulted in an increase in the oxidation 
current at the disc but did not substantially change the 
shape of the current profile. The two ring "peaks"  
both decreased as the temperature increased. This 
observation is also in agreement with the above ce 
mechanism. At a higher temperature, equilibrium 
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(Reaction l) shifts to the right and the Mn 3+ concen- 
tration is reduced. Also, Reaction 5 is accelerated. The 
shape of  the disc current profile is still controlled by 
the equilibrium between Mn 2+ , Mn 3+ and MnO2, and 
the building of a MnOOH layer. 

5. Conclusions 

Oxidation of Mn 2+ to Mn 3+ followed by dispropor- 
tionation of Mn 3+ to form MnO2 nuclei initiates EMD 
deposition. More evidence, however, is needed to con- 
firm the identity of the intermediate. On the growing 
MnO2 surface, Mn 2+ oxidation to MnO2 follows a c e  

mechanism in which the MnO2 surface is reduced by 
Mn 2+ to form a MnOOH intermediate. The subse- 
quent electrochemical oxidation of MnOOH to MnO2 
results in the release of hydrogen ions. A MnOOH 
intermediate layer up to 0.06#m can build up. Dif- 
fusion of hydrogen ions through the solid phase can 
thus become a limiting factor in this process. 
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