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"d,—‘

lattice axis

activity of species R
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Tafel slope
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bulk concentration of species R
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potential

standard potential
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anodic potential
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peak potential
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Symbol Unit Explanation

iprnz+  mA/cm?  current density in electrolyte containing Mn?* ions
ip® mA/cm?®  anodic peak current density

ip® mA/cm?  cathodic peak current density

I A current

J mol/cm®  flux of species

k g1 rate constant

mg.0, g&/h weight of hydrogen peroxide per hour
mumo, mg/em?  weight of manganese dioxide per square cm
Am mg/cm?  change in weight per square cm

n number of electrons

Qo mC anodic charge

Qe mC cathodic charge

R J/K-mol gas constant

Smno, % current efficiency for MnO,

t 8 time

ta § timne interval for anodic pulse

te 8 time interval for cathodic pulse

T °C, K temperature

U, \Y anode potential

v mV/s scan rate (SR)

X cIm distance

Zre Q real component of impedance

Zim Q imaginary component of impedance
g anodic transfer coefficient

O cathodic transfer coefficient

n v overpotential

Na Vv anodic overpotential

Me Vv cathodic overpotential

A s time interval

Op fraction of catalyst surface
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Summary

In the present work, deposition of manganese dioxide (MnQOs) from sulphuric
acid (H2SOy4) containing Mn2+ jons, was studied on various electrode materials
of DSA® type, i.e. an active coating on a titanium substrate, and lead electrodes.
The experimental techniques used were; cyclic voltammetry (CV), linear voltam-
metry (LSV), galvanostatic electrolysis (GE) and Scanning Electron Microscopy
(SEM).

The mass transfer of Mn?* ions to the electrode surface was found to be the rate
determining step in the oxidation of Mn?t to MnOj, which was found to follow
an ECE-mechanism (electrochemical-chemical-electrochemical). The deposited
MnQs was found to be completely reduced in the cathodic scan. The reduction
process was found to be a combination of electrochemical and chemical dissolution
steps. Low acid concentrations, high stirring rate and high temperature raised
the oxidation rate of Mn®t to MnO,, while high acid concentration and low
temperature suppressed the deposition of MnOy. High stirring rates reduced the
quantity of deposited MnO, on the electrode surface during cyclic voltammetry.

The deposition of MnO, was found to block the catalytic sites on the Ti/IrO; -
TapOs anode, and the anode potential was observed to increase during galvano-
static electrolysis. The oxidation of Mn?* is suggested to occur at the interface
MnQg deposit/electrolyte. When lead anodes (Pb/Ag) and inert anodes (Ti/IrOg
- TayOs5) were used in electrolysis, the electrolyte was red coloured due to Mn?*t
ions. The MnO; deposit adhered firmly to the anode surface during electrolysis,
and no MnQ, particles were observed suspended in the bulk electrolyte. When
platinum was used as anode, huge quantities of MnO; particles were suspended
in the electrolyte, while only small amounts of MnQO; were deposited on the
electrode surface.

Experiments using rotating cylinder anodes with IrOs - TayOs coating, showed
that the thickness of the deposited MnO, (10-20 pm) was nearly independent of
the rotation speed (0-3.1 m/s).

New coatings for oxygen evolution were prepared by replacing parts of the TapOs
in the IrOy - TapOs coating, with MnO, (x <2). The coating with 5 mol% MnO,
was found to be the most electrocatalytic during electrolysis in 2M H3SO4.

When hydrogen peroxide (HoO3) was added to the electrolyte during electrolysis,
no MnO; deposit was observed on the electrode surface. The red colour of the



electrolyte was absent because the Mn®" was reduced to Mn** by the HyOo.
Continuous addition of 0.9-1.79 g/h H2O» to the electrolyte during the electrol-
ysis, was found to reduce the deposited MnOy without causing any damage to
the catalytic coating (IrQq - TagQs) or the Ti substrate. In addition, the anode
potential was reduced by 500-700 mV because of the depolarizing effect of the
H,0s.
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Chapter 1

Introduction

Zinc metal has a wide application today and it is the fourth most produced metal
behind iron and steel, aluminium and copper. Some examples of applications are:
galvanizing industry (car body, pipe, metal wire), casting alloys, alloying element
in brass and other alloys, sacrificial anodes in the offshore industry, chemicals and
medical industry. Because of formation of a zinc hydroxide layer on the surface
in atmospheric and other environments, zinc coatings are often used to protect
steel constructions in corroding environments. Nearly half of the zine produced
is used to protect steel {1}.

Since early in this century, zinc has been produced by pyrometallurgical and
electrochemical methods (1916). In the pyrometallurgical method, zinc oxide is
reduced by CO to form gaseous zinc which is condensed in a reducing atmosphere
i2]. Electrochemical production of zinc gives very pure metal, up to about
09.999 % . Because of the high consumption of electrical energy In the elec-
trowinning process, electrode materials with low anodic overpotential are pre-
ferred. Lead anodes, which have high overpotential for oxygen evolution, are
used in the zinc electrowinning today.

1.1 Zinc electrowinning

A simple outline of the zinc electrowinning process is shown in figure 1.1. Zinc
is usually present as zinc sulphide (ZnS) in the zinc ore. In addition, zinc ore
contains several other elements (Mn, Mg, Ca, Cd, Cu, Fe, Co, Ni, Al, As, Sh,

1



2 Chapter 1. Introduction

Si, Sn, Ge, Hg) [2, 3]. Zinc sulphide is not readily attacked by acid and alkaline
solutions [3], so it is converted into zinc oxide (ZnQ) by fluidized bed roasting at
high temperature (920-950°C) [4, 5]. The roasting reaction is given by equation
1.1 ]2, 3].

2ZuS + 30y — 2Zn0 + 250, (1.1)

Zinc concentrate

!

Air Roasting p S0, to sulphuric
acid plant
l ZnQ calsine
N Leaching > JaroFit_e and other
precipitates (As, Sb, Sn, F)
l ZnSO,
Purificat: ey As, Cd, Co, Cu, Ge, Nj,
urification -
Spent electrolyte i and Sb precipitates

Zinc electrowinning

v

Cathode zinc

Figure 1.1: Qutline of the zinc electrowinning process.

The roasting reaction is exothermic and the equilibrium is shifted far to the
right. The zinc oxide produced in the roasting process, is easily dissolved in
sulphuric acid during the leaching process, to produce zinc sulphate as described
by equation 1.2:

Zn0 + HyS0; = ZnSO; + Hy0 (1.2)
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The impurities must be removed from the electrolyte before it enters the electrol-
ysis cell. The iron ions in the electrolyte cause reduction in the cathodic current
efficiency, because they undergo oxidation from Fe?™ to Fe?* on the anode, and
are reduced on the cathode from Fet to Fe?t. Most of the iron in the zinc
concentrate is Fe?*. Some zinc producers use manganese dioxide or/and per-
manganate as oxidizing agents to oxidize Fet to Fe®t. The iron is precipitated
as jarosite! in a separate process in the leaching step. Small quantities of other
elements are removed with the jarosite such as Sb, As, Sn and F etc. [2].

The manganese concentration in the zinc ore corresponds to about 2-5 g/l in the
electrolyte, depending on the ore. If chemicals containing manganese are added
as oxidizing agents, the concentration of Mn?* ions in the electrolyte can be
increased to 10-15 g/1 (sometimes more) when it enters the electrolysis cell.

The other elements (Cd, Co, Cu, Ni, As, Sb and Ge) are removed from the
electrolyte in the purification steps where zinc dust is used as reducing agent
to form precipitates. When the electrolyte enters the electrolysis cell, it mainly
contains ZnSQ4 (50-55 g/1), MnSO4 (10-15 g/1) and Hy504 (170 g/1) [2]. The
temperature of the electrolyte is generally maintained in the range 30-40°C (31
9mall amounts of alkali metal ions are present in the electrolyte, but they have
no effect on the electrode reactions.

The electrodes are placed vertically and the distance between the anode and
cathode is ~3.5 em (figure 1.2). The anodes are made of lead, alloyed with small
amounts of silver (0.3-0.7 wt%), and the cathodes are aluminium sheets. The
main electrode reactions in the zinc electrowinning are reduction of Zn?t on the
cathode, and oxygen evolution on the anode as given by equations 1.3 and 1.4
respectively.

702t + SO¥ + 2~ — Zn + SOF” , B° = ~0.76VyHE (1.3)

HO — %02 +2HY 4 27 , B°=123VyyE (1.4)

!Jarosite is a complex iron compound (NagFes(S04)a(OH)12) [2} which is precipitated in
acid environment pH = 2 {3].
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The overall reaction is given by equation 1.5:

1
nS0; +HO — Zn + -2-02 + HpS04 (15)
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Figure 1.2: Schematic view of a zine electrowinning cell [6].

Mn®* ions in the electrolyte, are being oxidized on the anode to form manganese
dioxide (MnQ2) deposit as a parasitic reaction. The overall reaction of manganese
dioxide deposition on the anode is given by equation 1.6:

Mn?* + 2Hy0 — MnO; + 4HY + 27, B°=128Vyge  (1.6)

From equation 1.6 it is seen that the standard potential for the deposition of
MnQ», is the same as for oxygen evolution. Because of the deposition of MnO,
on the anode surface, the anodes must be cleaned periodically (every 14 days)
to remove the deposit, which may otherwise cause increased ohmic resistance
and short-circuiting between the anode and cathode. The lead anodes undergo
corrosion during anodic polarization as will be described in section 1.1.1. The
formation of manganese dioxide is beneficial for the lead anodes because it re-
duces the corrosion rate of the lead {7], but it also causes an increase in energy
consumption because of increased resistance in the deposit layer.
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1.1.1 Lead anodes and alternative anode materials

All zinc producers are using lead anodes in their process today. There are some
disadvantages connected to the use of lead anodes. They are not dimensionally
stable because of low mechanical strength, and they are not inert to the sulphuric
acid electrolyte. If small quantities of silver (Ag) (0.3-0.8% ) is alloyed with the
lead, the mechanical strength and electronic conductivity is improved and the
corrosion tate of the lead anode is decreased. Most of the lead anodes used in
metal electrowinning are alloyed with different elements (Ag, Sb or Ca}. The lead
anodes alloyed with silver have lower overvoltage for oxygen evolution than pure
lead anodes, but the overvoltage is still high (800 mV). After 2-3 years the anodes
raust be replaced with new anodes. The periodic cleaning of the anodes also
reduces the life-time because of rough mechanical treatment. In addition, leadisa
hazardous material to work with, and it may cause environmental contamination.

During anodic polarization in sulphuric acid, a PbSOy4 layer is formed on the
anode surface as described by equation 1.7 {8]. Lead monoxide (PbO) is also
formed simultaneously as PbSQO4, and is converted into PbOg at higher potentials
as given by equations 1.8 and 1.9 respectively [8]. The PbSOy layer is poorly
conducting and is converted into lead dioxide (PbOg) at higher anodic potentials
as given by equation 1.10 {8]. The PbO; layer is conducting and protects the lead
against attack by the acid, so the corrosion rate is lowered. But still some lead
is oxidized to Pb2* ions (equation 1.11), which may dissolve in the electrolyte or
combine with S04%~ to form solid PbSO4 [9].

Pb + H,S04 == PbSOs + 2HY + 2e” (1.7)

Pb + H,0 = PbO + 2HY + 2e” (1.8)

PbO + HyO = PbOy + 2HT + 27 (1.9)
PbSO, -+ 2H,0 & PbOy + HSO4 + 2H' + 27 {1.10)

Pb — Pb** + 2e” (1.11)
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The dissolved lead ions in the electrolyte may be reduced on the cathode and
contaminate the zinc metal. Small quantities (30 ppm <) of lead in the zinc
metal reduce the quality of zinc, and make the zinc metal unsuitable for die-
casting applications because of problems associated with inter-gramular corrosion
[10].

Since the lead anodes have the disadvantages mentiohed above, alternative anode
materials have been tested in zinc electrolysis. The requirements the alternative
anode materials have to satisfy are [11]:

e High surface area
o High electrical conduction
¢ Good electrocatalytical properties

e Long-term mechanical and chemical stability at the support/active layer
and at the active layer/solution interface

e Minimized gas bubble problems
o Enhanced selectivity
¢ Awvailability and low cost

¢ Health safety

Several scientists {12, 13, 14, 15, 16, 17, 18, 19] have studied various dimensionally
stable anodes {(DSA®) for oxygen evolution in acid solutions with promising re-
sults. The materials tested have been different metal oxides (RuQOy, IrOy, MnO,,
TazOs etc.) on Ti substrate. The main problem by using alternative anode
materials in zinc electrowinning, is the presence of Mn?* ions in the electrolyte.
When Mn?* ions are present in the electrolyte, they will oxidize on the anode and
deposit as described by equation 1.6. Kulandaisamy et al. [20] observed a slight
increase in anode potential in manganese-containing electrolyte, due to blocking
of catalytic sites by the deposition of MnQs. Figures 1.3 and 1.4 show Scanning
Electron Microscopy (SEM) images of the surface of a new IrQ; - Tay Oy coating
on titanium substrate, and the same coating used as anode in electrolysis for 10
hours in 2M sulphuric acid containing Mn®?* concentrations in the same range as
the industrial electrolyte (c(Mn?*) = 10 g/1) respectively.

The bright particles in figure 1.3 are IrO9, which are the electroactive sites for
oxygen evolution. The dark phase is mainly TagOs, which is non-conducting and
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Figure 1.3: SEM image of a new Figure 1.4: SEM image of MnOs de-
Ti/IrOz - Tay Os electrode surface. posit on Ti/IrOy - TapOs electrode.
2000X SE. 500X SE.

works as chemical stabilizer for IrQ,. Figure 1.4 shows deposited MnO; on the
anode surface. The active sites (IrOy particles) are completely covered, and the
anode has been working as an MnO; electrode from one hour after electrolysis
start. The problems related to the deposition of MnO; on the Ir0s/Ta905 an-
ode in zinc electrowinning, have not been much investigated and reported earlier.
Nidola et al. [21] described in a US patent in 1998, a new electrocatalytic coating
on Ti, which was suitable for oxygen evolution from acid electrolytes containing
manganese and fluorides. The coating consisted of Ru and Ir 28 major compo-
nents, while Sn, Co, Ti and Ta was in minor and intermediate concentrations
[21]. The overpotential for oxygen evolution was decreased such that MnO, was
spontaneously removed from the anode surface [21]. It is not known if the coat-
ing described by Nidola et al. [21], is produced commercially and used in zinc
electrowinning today.

1.2 Scope of the present work

The objective of this work was to investigate electrocatalytic coatings (IrO9 -
T2yOs5) on titanium substrate in sulphuric acid where manganese species are
present. The mechanisms of the deposition and reduction of manganese diox-
ide, and ways to remove the deposited manganese dioxide electrochemically or
chemically from the anode surface, have been investigated.
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Chapter 2

Literature review

2.1 Oxygen - evolving anodes: Ti/IrO; - TayOs

The disadvantages of the lead anodes in acid solutions was mentioned in section
1.1.1. The motivation to find an anode material which is dimensionally stable,
does not dissolve in the electrolyte and has low oxygen overpotential, has led to
a numerous scientific publications during the past 20 years.

Dimensionally stable anodes (DSA®) are widely used in the electrochemical in-
dustry such as in chlorine and chlorate production, metal electrowinning from
chioride electrolytes, electro-organic synthesis and electroplating [22]. The op-
erating environment may vary from mild (acid-water electrolysis) to very severe
conditions at high current densities such as fast electroplating processes. In gen-
eral, DSA® electrodes are characterized by a thin active coating of a few microns
thickness, deposited on a base metal (Ti, Zr, Ta or Nb) [14]. The DSA® concept
is normally associated with a RuOy coating on a Ti substrate, used in chlorine
and chlorate production.

2.1.1 Preparation of Ti/IrO; - Ta,O; anodes and their properties

Vercesi et al. [23] investigated several metals (stainless steel, Ti, Al, Ni, Zr and
Ta) to study the influence of the base metal on the coating morphology and
electrocatalytic activity. Ti was found to be the best choice of substrate metal

9



10 Chapter 2. Literature review

for technical and economical reasons [14, 22], because of its low density and price
compared to Ta, which is more stable in acid solutions [18, 24].

Some metal oxides exhibit metallic conductivity, but they are seldom used alone
in practical applications [11]. Usually they are more or less heavily doped or
mixed with less active oxides of higher chemical stability [11]. The oxides can
be prepared anodically or thermally. The stability of anodically grown oxides
is poorer than that of oxides prepared by thermal decomposition of appropriate
precursors [11]. IrOy posesses metallic conductivity [17] and is a good electro-
catalyst for oxygen evolution [25]. The electrochemical stability sequence of the
conducting components is given by [14]: IrO2 > Pt > RuO,.

The oxygen evolving electrodes are prepared as follows:

1. The Ti base is roughened by sandblasting and etching in boiling oxalic acid
[26, 27] or hot concentrated HCI {15, 24, 27].

2. The coating solutions are prepared by dissolution of the coating compounds
in the form of soluble salts (HyIrClg, TaCls) in a suitable solvent such as
n-butanol and concentrated HCI [26, 28], concentrated HCI and ethanol [29]
or isopropyl alcohol [20].

3. Repeated application of the coating solution on the pretreated base metal
by brush [14] or spray.

4. Evaporation of the solvent at low temperature (80°C [20, 23] -120°C [26]).

5. Finally thermal decomposition of the metal-containing salts into the cor-
responding oxide phases at high temperatures (350-950°C [20, 23, 30]) in
air.

For oxygen evolution in acid solutions, the best coating would be Ti/RuQ; - TiOy,
which has a Tafel slope of 40 mV /decade against 60 mV/decade for Ti/IrO. -
Taz05 when taking into account only the best catalytic activity [22]. However, the
RuOs-based coating is unstable for oxygen evolution and may oxidize according
to reaction 2.1 forming RuQy, which is volatile [31].

RuOy + 2H20 — RuO4 -+ 4HT 4+ de™ (2.1)

In the IrOg - Tag O3 coating on Ti substrate, IrOy is the catalytic and conducting
component, while TapO5 behaves as a stabilizer and dispersant of the catalyst [221.
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Otogawa et al. [26] observed the surface morphology of the IrOs /TagOs coating
to be heterogencous. The layer consisted of cracks, smooth areas containing
Ir,Os and TasOs, and ageregate particles of pure IrO; [26]. At the smooth areas
innumerable micro-cracks were observed under high magnification [26]. It was
also observed that the IrQs crystallites aggregated and grew perpendicular to
the base surface [26]. The growth of IrO; crystallites occurred not only on the
outermost surface, but also on the underlying phase of the coating [26]. Cross
sections of the coating showed that no cracks were found to penetrate into the
base metal [26].

Several other scientists observed the "mud-crack” structure as shown in figure 2.1
(17, 22, 23, 28, 32]. According to Vercesi et al. [23], the cracks were believed to
result from mechanical tensions which were not compensated for by the plasticity
of the coating, and were due to the difference in thermal expansion coefficient
between the base metal and the coating. Krysa et al. [29] observed that the mor-
phology of the IrQ,-Taz O3 active layer (0.32-0.39 mg/cm? Ir) depended strongly
on the pretreatment of the Ti base metal, and that an increase in surface rough-
ness led to longer service life time, and a lower rate of steady state dissolution of
the coating.

erack” structure [28].

Roginskaya et al. [32] observed that coatings with x < 30 mol% IrOy contents,
contained crystalline IrQ, and two additional rutile structure phases with very
diffuse XRD lines, as well as amorphous TagOs. According to Mraz and Krysa
[30] surface enrichment appeared to be a result of low homogenization of the
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mixed oxides. A lower degree of crystallinity in the coatings was obtained from
non-aqueous solutions by Roginskaya [32], while Vercesi et al. [23] observed that
IrO2 needles were formed when an organic solvent was used, but not in aqueous
solvents,

The temperature of 350°C was found to be too low for proper oxidation of the
applied material: no IrO; agglomerates appeared ‘and only a few cracks were
formed. Lodi et al. [33] observed the existence of a relatively well defined IrQ,
rutile phase after heating a powder at 350°C in oxygen for 6 hours. At 750°C
and 950°C the number of IrQ; crystals on the surface was increased considerably,
while the number of cracks tended to decrease, and eventually disappeared [23].
It was suggested that increasing the annealing temperature caused a general
deterioration of the conducting properties [33).

Foti et al. [34] prepared Ir-based coatings on Ti base by rapid thermal decom-
position of HpIrCls-6Ho0 precursor by using electromagnetic induction heating.
When using a pulse heating technique by induction at an apparent tempera-
ture below 250°C, a smooth amorphous surface was obtained {34]. For samples
prepared at T>300°C, highly crystalline coatings were obtained [34). In acid so-
lution, a progressive activation was observed upon cycling the potential between
0.2 and 1.5 V vs. Mercury Sulphate Electrode (MSE) [34].

Vukovic [16] prepared an activated IrO; film by polarizing the electrode, which
was an Ir wire, with sguare wave pulses from -0.25 to 4+0.25 V vs. SCE and
treated the oxide film at 200°C afterwards. The Tafel slopes at the low current
densities were 40 mV/decade for the activated electrodes, and it increased to
55 mV/decade after heat treatment at 200 °C. A Tafel slope of 160 mV /decade
was measured at high current densities. It was observed that stabilization of
the IrO; surface was achieved by heat treatment of the film [16]. Vukovic [16]
observed a shift in the voltammetric charge towards more positive potentials
in voltammograms recorded after 5 hours of polarization. The explanation for
such a voltammetric profile was suggested to be a change in the stoichiometry
of the IrQ; to a higher oxidation state of Ir, its surface becoming more effective
absorbent of OH™ intermediates taking part in the oxygen evolution reaction.

Martelli et al. {22] found the average of the Tafel coefficient for new electrodes to
be 60 mV/decade and 120 mV/decade at low and high current densities respec-
tively. Passivated/deactivated electrodes showed an average Tafel slope of 80-100
mV/decade at low current density, and 120 mV /decade at high current density
[22].
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The oxygen overpotential was observed to increase slightly with the calcination
temperature, and the service life was sufficiently long for a calcination tempera-
ture of 450°C [30]. The activity of IrO; for Oy evolution decreases as the tern-
perature of preparation is increased [11]. For higher current densities, the oxygen
overpotential was observed to decrease with increasing Ir content, and it rapidly
decreased with increasing coating thickness up to ~0.4 mg/cm? [29]. For a coat-
ing thickness of 1.0-1.2 mg/cm® the oxygen overpotential was almost constant
[29].

Martelli et al. [22] found the best coating for oxygen evolution in acid solutions
to be:

Ti/IrOq (70 mol%) - Taz0s (30 mol%)

Also Mraz and Krysa [30] found that the values of service life were at maximum
for coating compositions of 65-70% IrQO; and 30-35% Taz0s on Ti base in acid
solution. The real service life was estimated to be from 5 to 10 years based on
accelerated electrolysis tests at a current density of i = 2 A/ cm? [30].

2.1.2 Deactivation and passivation of the Ti/IrQ, - Ta;O; anodes

Although the Ti/IrOs - TagOs anodes are dimensionally stable, electrochemically
and chemically stable, the service life is limited. The stability of the coating
depends mainly on the anodic stability of the conducting oxide and the stability
of the non-conducting oxide and its ability to protect the base metal (14]. The
end of the service life for a given electrode was determined by the time at which
the anode potential increased significantly [14]. For a IrO; - TaOs electrode, the
relationship between the total amount of coating and the service life was not found
to be linear [14]. By calculating the efficiencies in Ah/mol of conducting oxide,
a maximum occurred for a 1.5 um thick coating [14]. Krysa et al. [29] observed
that for an Ir content of 0.45-1.2 mg/cm?, the service life was proportional to the
Ir content in the coating.
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Martelli et al. [22] classified the deactivation mechanisms into:

e passivation of the metal base

e coating consumption

coating detachment

mechanical damages

mixed mechanisms

The deactivation occurs with a sudden increase in the electrode potential, that
rapidly reaches high values, signifying a complete electrochemical failure because
of formation of an insulating layer of stochiometric TiOs at the interface between
the metallic base and the active coating [18, 20, 22]. Passivation can be induced
by penetration of acid solutions through cracks and pores into the Ti substrate
[18]. The service life was found to be influenced slightly by the acid concentration,
but variations in the electrolyte temperature was thought to play an important
role [22].

According to Comninellis and Vercesi [14], IrO; is sufficiently stable and the
deactivation occurs through dissolution of the substrate or building up of a non-
conducting layer between the coating and the base metal. Mraz and Krysa [30]
detected Ti*t ions in the electrolyte during the accelerated life test, due to cor-
rosion of the Ti substrate. They also found that the slowly changing steady-state
rate of dissolution of the IrQs active layer was reached after 600-700 hours. In-
terruption of electrolysis for more than 1 hour increased the dissolution rate of
Ir [30]. Also Kulandaisamy et al. {20] suggested anodic dissolution during oxy-
gen evolution, which occurred at the catalyst/electrolyte interface, as a possible
deactivating mechanism.

Otogawa et al. [26] studied the variation of a Ti/IrOy - TasOs anode during
electrolysis at high current densities (3 A/cm?) by SEM, EDX, XRF and XPS.
They observed that some parts of the smooth area (TasOs) peeled off during
electrolysis and the number of cracks increased. Mapping images showed that
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1rO, disappeared /selectively decreased in the outermost layer, while the distrib-
ution of TayOs was almost uniform, Variation in the relative intensity, Ir,/Ira,
suggested that Ir on the coating surface was gradually lost into the electrolytic
solution during the first stage (0-250 h) of electrolysis. During the second stage
(250-1450 h) the relative intensity of Ir gradually increased.

Gottesfeld and Srinivasan [35] prepared a thick oxide layer on Ir in 0.5M HSO4
by a potential multi cycling treatment, and suggested that the loss of activity
may actually be due to some restructuring mechanisms, occurring mainly at
the oxide-electrolyte interface such as loss of active area. Mraz and Krysa [30]
suggested that the reason for the increase in the overpotential is the fact that the
electrochemical active surface area changes during electrolysis.

Passivation may be promoted by several sources such as impurities (inorganic and
organic) in the electrolyte giving precipitation on the anode surface of insoluble
81804, a-Mn0Oy or 5-PbOs, according to Martelli et al. [22], who concluded
that the only possible source of passivation, internal to the coating, was a loss
of catalytic sites or conductivity. In addition, phosphates or chromates in the
electrolyte can react preferentially with the Ta component [22]. Oxidation and
dissolution of noble metal oxides are possible when high potentials are reached
by the electrode [22].

Krysa et al. [29] observed that the increase in the oxygen overpotential and
reduction in the electrode capacity during accelerated life tests, were in accord
with the Ir dissolution, and could be divided into three periods. The three periods
were described by:

o First period: A slight increase in oxygen overpotential was caused by the
change in the ratio Ir:Ta in the coating during dissolution of Ir.

e Second period: With the steady state Ir dissolution, which is achieved at
the end of the first period; the oxygen overpotential was almost constant.

e In the third period, an increase in the Ir dissolution rate was typical and it
was connected with rapid increase in the oxygen overpotential.
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2.2 Manganese dioxide

2.2.1 Properties of manganese dioxide

Manganese is the most abundant of the heavy metals in the earth’s crust apart
from iron [36]. The steel industry is the main consumer of manganese (90 % of the
total production), the remainder is shared between alloys, chemicals and battery
industries [37). Manganese oxides have many different applications because of
the several oxidation states of manganese, which exhibit oxidation states of +1,
+2, +3, +4, +5, -+6 and +7 in its compounds [36].

Manganese dioxide, MnQs, exhibits six different polymorphic modifications, de-
pending on the preparation procedure. The six modifications are; a— , f—, v—
, 0— , e~ and ¢-MnO; [38]. Only the § form is stoichiometric and tetragonal
with rutile structure (a = 4.4 A, ¢ = 2.87 &) [36, 37, 38]. The coordination
number of manganese in MnQy is six with respect to oxygen [36, 39). 8-MnO,
is found in ores under the name of pyrolysite [36]. The XRD patterns are very
sharp and well defined for 5-MnQO; [37]). The upper limit of oxidation is n = 1.98
for -MnO2 and combined water is usually not present, which leads to almost
complete absence of ion-exchange properties [37]. The true density of manganese
dioxide is difficult to determine because of the porous nature of the material [37].
The reduction of 8-MnO; proceeds in a heterogeneous phase where v-MnQOH
is the reduction product, being similar to the mineral manganite [37).

4-MnQ, is orthorhombic (were a = 4.52 A, b =9.27 A and ¢ = 2.86 A [37]), non-
stochiometric [38], and contains a variety of defects [40]. The non-stoichiometry
occurs because OH™ ions replace a portion of the O?~ jons, and in that way
stabilize the substitution of Mn®* ions for Mn*+ 36, 39]. The non-stoichiometry
may also be present because a fraction of the Mn** is missing, producing Mn*+
vacancies [39]. Each empty Mn*" site is coordinated to four protons present in
form of OH™ [39]). The protons associated with Mn®* are mobile [39]. 7-MnO»
may be described as Mn0O1,9..1.06 (xH2O), where x represents about 4 % combined
water {37]. y-MnOg is bright, hard and grey to grey black in colour {36, 40] .

The XRD patterns show relatively few lines, and some of them are very dif-
fuse and broad [37]. 7-MnOy is being produced electrolytically, from 0.5-0.7 M
MnS0, dissolved in 0.2-0.7 M HpS04 at high temperatures (90-98°C) and current
densities of 2-12 mA /em? [37, 38, 41], on inert anode substrates such as Ti or
graphite/carbon [40, 42].
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At temperatures T = 350-400°C the transition v — £ becomes complete and
dehydration of the lattice occurs [38]. Remy {36} described that MnOj; cannot
give up any oxygen without destruction of its erystal lattice. When MnO; is
heated above 530°C in air, it starts to loose oxygen [36]. The reduction of -
MnO; proceeds in a homogeneous phase down to n = 1.5, and the phase limit
corresponds to o-MnOOH being similar to the mineral groutite [37].

Both - and y-MnO; exhibit semiconducting properties (n-type} [39, 43] because
the electrons can pass through the lattice, by being transferred between differ-
ent Mnu-atoms in different states of oxidation, but at equivalent positions in the
crystal lattice [44]. Both 8- and v-MnQ; may be used as electrodes at high an-
odic current densities [38]. 7-MnQg or EMD (electrolytic manganese dioxide), is
mostly used as cathode material in dry batteries [40]. Hydrated MnO, behaves
as an amphoteric substance [36, 37] as shown in figure 2.2. In acid solutions
manganese dioxide behaves as a weak acid.

OH
s
O

%

OH

OH

Figure 2.2: Amphoteric behaviour of hydrated manganese diozide [87].

2.2.2 Deposition of manganese dioxide

In the battery literature, numerous results on the electrolytic deposition and re-
duction of v-MnOj are presented. Several mechanisms are proposed for oxidation
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of Mn?* and deposition of manganese dioxide at different electrode materials in
acidic solutions. As mentioned in section 2.2.1, y-manganese dioxide is deposited
from a sulphuric acid electrolyte with manganese sulphate at high temperatures.
Most of the literature referred to here, describes deposition of MnOs of battery
quality. Only a few papers treat the deposition of MnO; during zinc electrowin-
ning, which is of interest in this thesis. It is assumed that parallels can be
drawn between the deposition mechanisms for battery grade MnOs, and MnOs,
deposited during zinc electrowinning, at higher acid concentrations, lower Mn?+
concentrations and low temperature (35°C).

Fleischmann et al. [45] found that nucleation of manganese dioxide occurred at
preferred sites, and the centres formed grew in two or three dimensions. Kao et
al. [42] also observed that the growth of MnOjy proceeded three dimensionally
on a platinum anode. The overall reaction for deposition of manganese dioxide
is given by equation 2.2 [37]:

Mn?t 4 2Ho0 — MnOg + 4H™ + 2 (2.2)

It is not likely that reaction 2.2 occurs in one step. Kao et al. [42] and Welsh [46]
suggested that a precursor of MnOs such as the Mn®t ion could be the initial
oxidation product (given by equation 2.3), becanse Mn**t is not stable in the
solution and is less likely to be the initial oxidation product. The nucleation
of MnOy at a clean platinum surface was suggested to occur as described by
equation 2.4 [46].

Mn®t — Mn®* +e” (2.3)

oMn®*t + 2H,0 = MnO; + Mp?t +4H' (2.4)

The equilibrium (equation 2.4) is approached rapidly from right to left and it is
quite slow from left to right [46]. As the temperature is increased, the equilibrium
shifts to the right because the decomposition rate of Mn®* ion is markedly influ-
enced by the temperature [46]. Experiments carried out on a ring-disc electrode,
showed a static ring current during growth of MnOg, which indicates constant
concentration of the oxidized intermediate product [42]. Diffusion of Mn?* was
found to be the factor controlling the growth of MnQOs [9, 42].
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Petitpierre et al. [47] have studied the oxidation of Mn?* in sulphuric acid by
cyclic voltammetry on a platinum working electrode, and suggested an ECE
(Electrochemical-Chemical-Electrochemical) mechanism for deposition of EMD
as given by equations 2.3, 2.5 and 2.6:

Mn®* + 2H,0 - MnOOH + 3H* (2.5)

MnOOH — MnO; + HY + e~ (2.6)

Petitpierre et al. [47] also studied the effect of acid concentration, temperature
and manganese concentration in the electrolyte. They found that the system
wag quasi reversible when ¢(H2804)> 60 wt% and only one anodic peak and one
cathodic peak were observed. At c(HaSO4)= 30 wt% the electrolyte was coloured
in the end of the anodic sweep and an extra cathodic peak was observed. At
¢(H2804) < 30 wt% a brown black deposit was observed at the electrode surface
during the anodic peak. When the temperature was increased from 20°C to 80°C,
the intensity of the anodic peak increased and the oxidation potential became
more anodic. At T > 40 °C the anodic peak split into two peaks, and a compact
~-MnQ; was observed on the anode surface.

According to experiments carried out by Welsh [46], manganese dioxide may be
suspended in the bulk electrolyte instead of being deposited on the anode surface.
Typical process conditions were [46]:

e Low temperature in the electrolyte (T = 20°C)
e High current density (i = 37.2 A/m?)
e Sulphuric acid concentration 200 g/I

e Manganese sulphate concentration 20 g/l

Intensive agitation of the electrolyte.

If the current density is raised to a high level (at least 27.9 A/ m?) so that Oy gas
is evolved on the anode, disturbance caused by the gas evolution may prevent
MnO, from depositing on the electrode [46]. According to Welsh {46], formation
of new MnQs nuclei occurs mainly in the immediate vicinity of the anode surface
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where the Mn®* concentration is highest. When the conditions of temperature,
acid concentration and current density are such that the rate of decomposition
of manganic jon (Mn®**) to its equilibrium value is equal to or greater than its
rate of formation on the anode, formation of a dense MnQO» deposit occurs on the
anode surface [46].

Rodrigues et al. {48] also studied manganese dioxide formation during zinc elec-
trowinning in a slurry cell with agitation so that Mn®*" formed on the anode
surface, was moved away and disproportionated in the bulk electrolyte. They
used lead anodes and observed that no MnQg was formed on the surface of new
anodes at a temperature of 34°C. As the anodes aged, MnO; formed more easily
on the anode surface, and it deposited more prominently in corroded regions of
the anodes. The effect of acid concentration on the manganese dioxide deposition
was found to be as follows [48]:

*

c(H2804) < 120 g/l = anodes were covered with MnO,.

*

(
c(H2804) = 146 g/l = less MnO; on the anode surface.
(
s ¢(H2804) = 224 g/l = no evidence of MnQO, deposit on the anode surface.

)
)

c(H,80,) = 188 g/1 = minor amounts of MnO; on the anode surface.
)

It was concluded that to limit MnOq deposition on the anode, the acid concentra-
tion should remain higher than 200 g/] and the cell temperature should not exceed
33°C [48]. High current densities decreased the current efficiency for MnO; de-
position, because larger amounts of oxygen were evolved. MnO4 produced during
zine electrolysis (T = 33°C) was found to be v-MnO; from XRD-analysis [48].
Bodoardo et al. {49] also observed that MnQ; deposit obtained at room temper-
ature was v-MnQOs, but it was poorly crystallized.

Kao et al. [40] observed a phase transformation from v-MnO; to 5-MnOQj during
deposition of EMD. 8-MnO3 started to form on the EMD surface and gradually
propagated into the core of the particles/deposit. The formation and growth of
B8-MnO, was suggested to be assisted by Mn®* ions in the electrolyte, and protons
in the EMD lattice during deposition of EMD. Temperature was also found to
be an important parameter for the ”betafication”.

Paul et al. [50] suggested that Mn®* ions diffused through a porous layer of an
intermediate product (MnOOH, Mny03, Mn{OH)4), and became oxidized on the
interface of deposited manganese dioxide and the intermediate product. They
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also assumed that diffusion of protons produced in the overall reaction at the
reaction interface, was much faster than diffusion of Mn®*+ ions. When a rotating
ring-disc electrode was used (the ring potential was kept at -0.1 vs. calomel to
reduce possible Mn®* ions formed), significant amounts of Mn3t ions leaving the
disc were detected at the ring, indicating that the first oxidation step includes
oxidation of Mn?t to Mn3+ [50].

According to Davies {51], the Mn®* ions are very unstable at low acid concentra-
tions and will disproportionate as described by equation 2.7. Disproportionation
of Mn®" is strongly affected by temperature and acid concentration in the elec-
trolyte. The disproportionation rate increases with increasing temperature and
decreasing acid concentration [48]. Mn3* can be stabilized by: increasing the
acid concentration, increase of Mn®* concentration and complex formation {51].
The Mn%* ions formed in reaction 2.7 are very unstable and will immediately
react with water to produce manganese dioxide and release protons, as given by
equation 2.8.

oMn?t & Mn?t + Mn?t (2.7)

Mn*t +2H,O = MnO, +4HT (2.8)

Jorgensen [43] observed that growth of manganese dioxide deposit occurred at
the deposit/electrolyte interface. A composition gradient through the deposited
material was observed, where n in MnO,, decreased from 1.95 near the interface
substrate/deposit to 1.90 at the electrolyte interface [43]. Also Welsh [46] ob-
served that MnO, production proceeded on the MnOg particle surface. A study
of the effect of Fe?* ions on the deposition of EMD provided results that strongly
supported the concept of an intermediate layer formed between the growing MnO;
deposit and the electrolyte [52].

Rodrigues et al. [53] have made cyclic voltammetry studies in 0.5 M MnSOy
dissolved in 0.5 M HsSO4 at T = 80°C with a platinum working electrode. They
observed that the anodic peak current for oxidizing Mn?* to MnO; was propor-
tional to the square root of the Mn?* jon concentration and independent of the
acid concentration. Rodrigues et al. [53] suggested the following mechanism for
deposition of MnOs on a platinum electrode as given by equations 2.9 - 2.14:
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Mngvflk - Mn\gfj'rface (2‘9)
MnZf e = MndE +e” (2.10)
H0 — OHgg + H 4 ¢~ (2.11)

2Mnlt — MnZi 4 Mol (2.12)
MnZ? + 20H 4, — MnO; + 267+ (2.13)
Mntt + 2H,0 — MnO, + 4H7F (2.14)

According to Rodrigues et al. [53], deposition and reduction of manganese diox-
ide is an irreversible process because the anodic and cathodic peak potentials
are separated by several hundred millivolts and the peak potentials change with
scan rate. During the anode reaction, the electrode surface turned black due to
deposition of MnQOs;. The peak current plotted as a function of the square root
of scan rate showed linear relationship, and the oxidation reaction was suggested
to be diffusion controlled. Since the anodic peak current was found to be propor-
tional to the square root of Mn?* concentration, it was suggested that the anodic
deposition of Mn(; involved a complex mechanism.

Velayutham et al. [54] investigated the effect of the Mn®* concentration and the
acid concentration on the deposition of MnOy, and observed that the peak current
for oxidation of Mn®t increased linearly with Mn®* concentration and the square
root of scan rate (c(Mn?t) > 40 mM, 8M H,S0,4). They concluded that Mn2t
oxidation proceeds via a quasi reversible diffusion controlled process. An adsorp-
tion and blocking effect was noticed because neither plots of the peak current as
a function of Mn®* concentration, nor the square root of the scan rate passed
through the origin. Furthermore the i,/c(Mn®*) values decreased continuously
with increased Mn?t concentration. The anodic peak current increased substan-
tially with decreasing acid concentration at low scan rates (5 mV/s) because
H,O catalyses the disproportionation reaction 2.7 [54]. The apparent number of
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electrons in the oxidation step increased with decreasing acid concentration {n =
1.6 in 4M H2804). Paul et al. [52] observed that the crystallinity of the MnO.

_increased with decreasing acid concentration (20-40 g/1), and the smooth deposit
adhered strongly to the electrode surface.

2.2.3 Reduction of manganese dioxide

Blectrochemical reduction of manganese dioxde has been widely studied in al-
kaline and acidic electrolytes. In the present work, it will be referred only to
reduction of manganese dioxde at various concentrations of sulphuric acid. Most
of the literature is taken from the dry battery literature where discharge and
reduction of EMD is important.

Lee et al. [55, 56] and Maskell [57] deposited manganese dioxde on glassy car-
bon, platinum and gold and investigated the reduction of manganese dioxde by
linear sweep voltammetry, at various concentrations of sulphuric acid. At acid
concentrations below 3.75 M (0.0125-3.75 M) Lee et al. [55, 56] observed two
cathodic peaks (peak 1: 0.75 V vs. MSE and peak 2: -0.2 V vs. MSE) while at
concentrations higher than 3.75 M, three reduction peaks were observed (peak 3
between peaks 1 and 2 at 0.1 V vs. MSE) [57]. It was suggested that peaks 1 and
2 could be explained by a reduction reaction given by equation 2.15. In addition
to reaction 2.15, a chemical equilibrium given by equation 2.16 was reported in
acidic solutions [55].

MnOy + HY + ¢~ — MnOOH (2.15)

MnOs, + Mn2*t + 2H,0 — 2MnOOH + 2HT (2.16)

The overall reduction reaction was given by equation 2.17 [55].

MnQs + 4H' + 26~ — Mn?t + 2H,0 (2.17)

Peak 1 was found to be independent of the electrode material and electrode ro-
tation, and it was suggested that the first reduction step (peak 1) occurred at
the deposit/electrolyte interface. Formation of a poorly conducting layer caused
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a sharp reduction in current after peak 1. Scanning Electron Microscope (SEM)
images of the deposit taken before and after the reduction peak 1, showed that
sharp dendritic features were absent after the reduction. The bulk density was
observed to be greatly reduced {25% of the original value), and it was suggested
that direct reduction to Mn?* was unlikely to be the primary reduction reaction.
With increasing equilibrium time, Lee et al. [55] observed that the charge needed
in the first reducing peak decreased. XRD-analysis of the deposit after reduc-
tion peak 1 showed still the presence of v~-MnO,, and no substantial changes in
crystallite size were observed. Peak 1 shifted to more negative potentials with
decreasing acid concentrations (0.0125-3.75), because lower acid concentrations
may induce higher MnOOH activity according to equation 2.16 [55].

While peak 1 was found to be independent of electrode material, peak 2 was
markedly influenced by the choice of electrode material [55]. The reduction
process during peak 2 was suggested to occur at the substrate/deposit interface,
by formation of a Schottky-type barrier at the interface substrate-semiconductor
{MnOQO, deposit) between peaks 1 and 2. Like peak 1, peak 2 was unaffected by
electrode rotation, suggesting that species in the soclution were not involved in
the reduction process [57}.

At high acid concentrations (3.75-7.5 M) a third reduction peak was observed
by Lee et al. [56] between peaks 1 and 2 at a potential of 0.1 V vs. MSE.
The mechanism of the third reduction peak may be explained by equations 2.18
and 2.19. The charge-transfer reaction occurs principally on the substrate [56].
Red colour was discernible in the solution immediately adjacent to the electrode.
When the acid concentration was increased, peak 3 shifted to more positive values
and led to the disappearance of peak 2.

L

1
~ MnQO, + 5

5 Mot + 2 HY — Mo®t + Hy0 (2.18)

Mn®* +e” — Mn?t (2.19)

Formation of Mn®* may also occur as described by equation 2.20 {56]:

MnOOH + 3 Ht — Mn®* + 2 H,0 (2.20)

Petitpierre et al. [47] also observed three cathodic peaks (on a Pt electrode)
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at temperatures above 60°C, where peak 1 was observed at 740 mV, peak 2 at
525 mV and peak 3 at 340 mV vs. MSE. Petitpierre et al. [47] described the
first reduction peak as reduction of Mn®* near the electrode surface as given by
equation 2.19, because at low temperatures (20°C) no MnO2 was formed, but
the first cathodic peak was observed. The second and third cathodic peaks had
merged and the reduction reactions were given by equations 2.15 and 2.18 as
described by Lee et al. [55]. |
Rodrigues et al. [53] observed two cathodic peaks (0.9 and 0.375 V vs. S8CE) at
high temperature (80°C) in 0.5 M MnSOy, 0.4 M H2SO4 on a Pt electrode, and
suggested the following mechanism, given by equations 2.21 and 2.22:

MnO; + H + e~ — MnOOH (2.21)

MnQOH + 3 Ht + e~ — Mn*" + 2H,0 (2.22)

The cathodic peak 1 remained the same for all holding times of the potential, and
it was suggested that the appearance of the first reduction peak was not due to
reduction of intermediate species as described by Petitpierre et al. [47] (eq. 2.19)
but reduction of MnQOs. Some black deposit was found on the electrode surface
after peak 1. Tt was also observed that the reduction charge was less than the
oxidation charge for all scan rates {53].

Bodoardo et al. [49] investigated deposition and reduction of manganese dioxide
on a Pt electrode by cyclic voltammetry with varying pH. Two cathodic peaks
were observed at room temperature {T = 25°C) at 650 and 0 mV vs. MSE. It was
suggested that during the first reduction peak a passivating layer (MnOOH) was
formed on the MnQ, surface. The second reduction peak occurred due to cracks
in the passive layer, because the deposit was formed under non-stationary con-
ditions. The reduction mechanism for the second reduction peak was suggested
to be the same as for peak 1 {49]. The anodic area corresponded very well to the
sum of the areas of the cathodic peaks, which indicated that all the deposited
dioxide was reduced during the cathodic scan [49].

When the temperature was increased to 90°C, the second reduction peak disap-
peared and the deposit was not completely reduced (only 30 % of the deposited
material was reduced) [49]. According to Bodoardo et al. [49] the disproportion-
ation reaction 2.23 is important in the reduction of MnOsy, and it depends both
on the pH of the solution and the Mn?* concentration. Low pH and high Mn**



26 Chapter 2. Literature review

concentration caused rapid formation of the passive layer. When reduction of
MnQ, was carried out in an electrolyte containing 0.5 M Mn?*, the intensity of
the first cathodic peak decreased. Bodoardo et al. [49] found that MnO, pro-
duced by the disproportionation reaction given by equation 2.23, was scarcely
reducible compared to electrochemically deposited manganese dioxde.

2 MnOOH + 2 HY = MnO; + Mn?* + 2 H,0 (2.23)

According to Ruetschi [39], who presented a cation-vacancy model for MnOs,
+-MnOs is highly reactive and may undergo electrochemical reduction at high
rates. Reduction of 4-MnO; may involve introduction of protons into the crystal
lattice and proceed as given by equation 2.24, where aq and ¢ designate agueous
solution and crystalline phase respectively.

Mn*t(e) + Ht(ag) + 0% (c) + ™ — Mn®*(c) + OH™ (¢) (2.24)

In a review by Kordesch [37] it is concluded that during reduction of MnOs,
electron absorption occurs in the solid phase, where Mn* is reduced to Mn’t,
inducing an increase in volume. The electrode potential was found to be depen-
dent of the concentration of MnOOH at the oxide/electrolyte phase boundary.
The removal of MnOOH (eq. 2.23) from the electrode surface may be regarded
to be the rate determining step in the overall electrochemical reaction (eq 2.17).

Cahoon [58] observed that a solution of Mn?* diffused into the pores of MnOs
particles to a considerable degree and deposited MnOOH there. Formation of
MnOOH was suggested to occur on the external surface of the particle where
MnOs and Mn2" meet. Further reaction of Mn®* in the solution with the unre-
acted core of MnO; particles, was thought to occur by diffusion of Mn?* through
the coating of MnOOH already formed on the external surface. The MnOOH
particles were larger in diameter compared to the electrolytic MnO,.

According to Voshburgh [44], electrons are available anywhere within the MnO»
deposit. The reduction reaction may take place where the protons and electrons
meet. The meeting place for the first reduction of MnQOs was suggested to be the
MnQ, exposed to the solution [44]. The first reduction step was suggested to be
reduction of MnQs to MnOOH as given by equation 2.15. During the discharge,
protons may penetrate the oxide layer and meet the electrons in the interior.
Mn3* is the first reduction product of Mn*t because simultaneous transfer of
two electrons to the Mn?t ion is highly improbable. When enough MnOOH had
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accumulated on the surface, it was further reduced according to reaction 2.25.
At pH 5 MnOOH may react further to produce Mn?* as given by equation 2.26
[44].

MnOOH + H™ + ¢~ — Mn(OH), (2.25)

IMnOOH + 2HT — MnO; + Mn?t 4 2H,0 (2.26)
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Theory

3.1 Electron transfer

Usually in electrochemical processes, electron transfer occurs at the interface
electrode surface/electrolyte. A simple reversible electron transfer is given by
equation 3.1:

O+ ne” =R (3.1)

The reversible potential for reaction 3.1 is described by Nernst equation:

B = E° — ——In=t (3.2)

where E"® is the reversible potential, E° is the standard potential, R is the gas
constant, T is the temperature in Kelvin, n is the number of electrons transferred,
F is the Faraday constant, ap and ap are the activities of R and O respectively.

At the reversible potential, E"®, the sum of the anodic and cathodic current

densities is zero and the magnitude of the anodic and cathodic partial current
densities is equal to the exchange current density, i, which gives:

29
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i l=1%]

= i, (3.3)

Non-equilibrium is usually the reality for most electrochemists, and the reversible
potential is mostly used as a reference potential to define the overpotential, 7,
which represents the extra energy the reaction needs to proceed. The overpoten-
tial is defined by equation 3.4:

n=E -~ E® (3.4)

For a charge transfer controlled reaction, the net current in the system can be
expressed by the Butler-Volmer equation:

F
= + 4@‘—=ia{exp (aan %) — exp (—%)] (3.5)

For large overpotentials, anodic or cathodic, the smaller term in equation 3.5 can
be neglected, and the Tafel equations may be expressed by equations 3.6 and 3.7
derived from equation 3.5 for anodic and cathodic overpotentials respectively:

2.3RT_ | 23RT. .

T = - logl, + oy logli| (3.6)
23RT, . 23RT. .

e = 22 1ogio = 22 1ogl (3.7)

The Tafel approximation is generally used for |n| > 70/n mV [59]. A more
convenient form of the Tafel equation is:

n = a + b-logli| (3.8)
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3.2 Mass transfer

In electrochemical systems, three types of mass transfer may be present: diffusion,
migration and convection. Usually electrochemical experiments are carried out
in unstirred solutions or by using forced convection. Diffusion is movement of
a. species down a concentration gradient, whenever there is a potential change
at the electrode surface [59]. The concentration profile of a reduced species R,
which is oxidized on the electrode surface, is shown in figure 3.1 as a function of
the distance from the electrode surface and time.

Cr
A

v

Increasing time

» X

Figure 3.1: Concentration gradients of o species R in the Nernst diffusion layer
as o function of the distance from the electrode surface during cyclic voltammetry.
cr®™ is the bulk concentration of species R and z is the distance from the electrode
surface.

Linear diffusion normal to a plain electrode, may be characterized by Fick’s first
law, where the flux of a species (R} through a plane parallel to the electrode
surface is given by equation 3.9, where J is the flux, Dy, is the diffusion coefficient,
and %1} is the concentration gradient of species R.

J = _DR—Z?? (3.9)

At the electrode surface (x = 0), the current of the electrochemical reaction may
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be related to Fick’s first law as described by equation 3.10.

P Ber
5= Dp ( e ):17:0 (3.10)

3.3 Cyclic voltammetry

Potential sweep techniques and cyclic voltammetry (CV) are widely applied in
mechanistic investigations in electrochemistry. Linear sweep voltammetry (LSV)
is the simplest technique, where the electrode potential is swept between two
limiting potentials E; and E; at a scan rate, v, often denoted in millivolts per
second. The relationship between potential and scan rate is given by equation
3.11.

E=E vt for 0<t<A (3.11)

Cyclic voltammetry is more widely applied than linear voltammetry, and the
scan is reversed back to the starting potential so that reverse reactions may be
detected. In both sweep techniques, the cell current is recorded as a function of
the applied potential. The potential-time wave and current-potential curve for
sweep measurements are shown in figures 3.2 and 3.3 respectively.

E[V]
A

Ez
LSV
cv

> t]s]

Figure 3.2: Potential-time profiles for linear and cyclic voltammetry.
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i [mA/em?]
A

Figure 3.3: Cyclic voltammogram for o reversible process, O +ne” = R (only R
is initially present), where both reactant and product are soluble in the electrolyte.
Peak potentials (Ej, E) and peak current densities (%, %) are indicated on the

flgure.

A number of diagnostic test for different reaction mechanisms exist for electro-
chemical reactions as [59};

¢ reversible reaction

e irreversible reaction

+ quasi reversible reaction

e coupled mechanism, chemical-electrohemical (ce)

« coupled mechanism, electrochemical-chemical (ec)

e coupled mechanism, electrochemical-chemical-electrochemical (ece)

e catalytic mechanism and coupled chemical reactions.

Only a few of these diagnostic tests will be presented in the present work.
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3.3.1 Reversible reactions

A simple reversible reaction is given by equation 3.12, where only R is initially
present in the electrolyte.

O+ne” =R ) (3.12)

At very low scan rates, the steady state current is recorded. When the scan
rate is increased, an anodic peak with increasing intensity is observed [59]. This
occurs because of larger concentration gradients in the Nernst diffusion layer
as shown in figure 3.1. When the concentration of R at the electrode surface
is zero, the concentration gradient starts to decrease because of the relaxation.
The concentration gradient will increase with increasing scan rate, leading to an
increase in anodic current according to equation 3.10.

The oxidized product, being soluble in the electrolyte, near the electrode surface
will be reduced in the reversed scan when I is reached. Some of the oxidized
product may diffuse into the bulk electrolyte, giving a lower peak current for
the reverse peak. For planar diffusion to the electrode surface, the relationship
between peak current, concentration, diffusion coefficient and scan rate is given
by the Randles-Sevéik equation:

1/2
ip = ~0.4463nF (%?—) cFDY 212 (3.13)

Table 3.1: Diagnostic tests for cyclic voltammograms of reversible reactions ot
25° C with soluble product [(59].

E; is independent of v
at potentials beyond E,,, i {172

1. AE, = [E; - Ef| = 59/n mV
2. |Ep - Epjal = 59/n mV

3. |/ =1

4. XV 1/2

5.

6.

For reversible reactions the electron transfer process is assumed to be significantly
faster than the rate of mass transfer. Some diagnostic tests for reversible reactions



3.3. Cyclic voltammetry 35

are given in table 3.1.

3.3.2 Irreversible and quasi-reversible reactions

For totally irreversible systems an increase in peak separation is observed when
the scan rate is increased. This is because mass transfer becomes comparable to
the rate of electron transfer at high scan rates. Some diagnostic tests for totally
irreversible reactions are given in table 3.2.

Table 3.2: Diagnostic tests for cyclic voltammograms of totally trreversible reac-
tions at 25°C [59].

no reverse peak
i2 ocvltf/?

EZ shifts Ef—ﬁ: for each decade increase in v

iEp - Ep/2‘ = 2

Celln

= G0 b

Some processes are reversible at low scan rates but become irreversible at high
scan rates after passing through a quasi-reversible region at infermediate scan
rate values. This phenomenon occurs when the relative rate of electron transfer
with respect to the rate of mass transport, is insufficient to maintain Nernstian
equilibrium at the electrode surface. Diagnostic tests for quasi-reversible reac-
tions are given in table 3.3.

Table 3.3: Diagnostic tests for cyclic voltammograms of quasi-reversible reactions
at 25°C [59].

|ip| increases with v*/* but not proportional to it

|i5/ig| = 1 provided o = ac = 0.5

AE, is greater than % mV and increases with increasing v
EZ shifts positively with increasing v

gs N

3.3.3 The ECE mechanism

An ECE mechanism includes three reaction steps, where the first step is electro-
chemical, the second is chemical and the third is electrochemical. Reactions 3.14,
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3.15 and 3.16 describe an ECE mechanism where only R is initially present in
the electrolyte.

O 4+ne” =R {3.14)
o & o (3.15)
O+ne” =Q (3.16)

The ECE mechanism is common in multi-electron transfer processes (electro-
organic synthesis) where it is assumed that the electron transfer is reversible and
the chemical reaction is irreversible. Table 3.4 shows some diagnostic tests for
ECE reactions.

Table 3.4: Diagnostic tests for cyelic voltammograms of ECE reactions at 25°C
[59]. .
1. [ig|/v'/? varies with scan rate but may reach limiting

values at high and low scan rates

lig| /Y2 (low v) > [ig]/v*/? (high v)
2. |ig/if| increases with scan rate and approaches unity at high scan rates

3.3.4 Electrocrystallization and deposition processes

In electrochemical systems, metals and other phases can deposit from the solution
onto the electrode surface via electrochemical steps or coupled mechanisms {elec-
trochemical and chemical steps). The distinct steps in the electrocrystallization
process are given by [59]: '

1. diffusion of ions in solution to the electrode surface

2. electron transfer

3. partial or complete loss of the solvation sheath, resulting in the formation
of ad-atoms
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4. surface diffusion of ad-atoms

5. clustering of ad-atoms to form ecritical nuclei on a perfectly smooth surface
or in a foreign substrate

6. incorporation of ad-atoms at lattice sites

7. development of crystallographic and morphological characteristics of the
deposit.

'bulk diffusion
E% electron surface growth
——
transfer diffusion & m
ad-atom cluster growth centres

Figure 3.4: Some of the steps involved in the electrocrystollization of a metal on
o substrate of a different material [59].

Figure 3.4 shows the steps involved in the electrocrysatallisation of a metal on
a substrate [59]. A cyclic voltammogram for a deposition reaction is shown in
figure 3.5. The leading edge in the forward scan is slightly steeper than for a
process involving soluble species [59]. The reverse scan diflers substantially from
systems with soluble species. The current trace crosses the forward scan and
the reverse peak is sharp. The cross-over phenomenon occurs because of the
nucleation overpotential in the forward scan [59], or because of an increase in
the electrode surface area. The area under the reverse peak corresponds to the
amount of material deposited during the forward scan {59)].

3.3.5 Passivation

Passivation films on metals protect the metal surfaces from further corrosion.
Linear voltammetry measurents can be used to see when or if a passive film is
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i [mAfem?]

> E[V]

Figure 3.5: A cyclic voltammogram for a deposition reaction exhibiting nucleation
overpotential or change in the electrode surfoce area.

i [mA/cm?]

> EfV]

Figure 3.6: Linear voltammetry on o metal exhibiting passivation.

formed on the metal surface in various solutions. Cyclic voltammetry can be used
to find if the passivating film may be reduced in the reverse scan or not. Figure
3.6 shows the formation of a passive film on a metal surface. The current density
rises as the passive film grows across the surface, and falls rapidly as the surface
is passivated [59].
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3.4 Electrocatalysis

Catalysts are often used in chemical industry to increase the rate of a chemical
reaction, which does not proceed by itself at a significant rate. The principal idea
with a catalyst is that it is not consumed during the reaction, but is renewed when
the reaction is completed. The catalyst may be homogeneous or heterogeneous.

The term electrocatalysis is applied to systems where the oxidation or reduction
requires band formation, or at least a strong interaction to the reactant, interme-
diates, or the product with the electrode surface [59]. In electrochemical systems,
a catalyst which constitutes the electrode material itself, is used to decrease the
overpotential of a desired electrode reaction. The activity of a good electrocata-
lyst is expressed by the Tafel slope, and the i, value measures the intrinsic ability
of the solid surface to catalyze the reaction at n = 0 [19]. A good electrocata-
lyst has low overpotential (low Tafel slope) and high exchange current density
for an electrode reaction, but long term stability is more important than low
overpotential in practical/industrial applications [25].

A

7 [V]

v

log i [mA/em?]

Figure 3.7: Sketch of the related importance of the exchange current density, i,
and iy, and Tafel slopes showing the relative electrocatalyic properties of two
electrodes.

The relationship between overpotential and current density, is given by the Tafel
equations 3.6 and 3.7 for anodic and cathodic reactions respectively. Figure 3.7
presents a sketch of the overpotential as a function of the logarithm of the cur-
rent density, showing that the highest exchange current density value does not
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necessarily give the best electrocatalytic electrode material. The best electrocat-
alyst may be found by comparing the overpotential as a function of time, when
constant current density is applied.

There are many different electrocatalysts in use in electrolysis processes today,
but DSA® (Ti/RuOz) in the chlor-alkali industry is the best known. Oxygen
evolving electrodes will be described in more detail in section 3.5. When investi-
gating different electrode materials, i - E characteristics for the various materials
are compared [59]. The steady state current density is measured as a function
of potential at very low scan rates, such that mass transfer is not the rate deter-
mining step. Some characteristics for electrocatalysts are [59]:

The exchange current density, i,, varies with the electrode material.

The Tafel slope is commonly not b = 2"";‘}% but values of %, %and% are

common.

The Tafel slope may depend on the electrode material, which indicates a
change in reaction mechanism.

The temperature dependence of the Tafel slope may not be straightforward.

In an electrocatalytic process, the measured current density depends on both the
catalytic activity of the surface and the real surface area, because the rate deter-
mining step is a surface reaction. For a mass transport controlled reaction the
current density is independent of the surface roughness if this is small compared
to the diffusion layer thickness (~107% cm) {59].

3.4.1 The oxygen evolution reaction in acid solutions

Mechanisms for oxygen evolution are widely reviewed. Trasatti [25] has collected
the following mechanisms for oxygen evolution in acid solutions (S is the active
site which may be a metal oxide):
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e Electrochemical oxide path (Bockris):
a) S 4+ HyO — S-OH + H™ + e
b) $-OH — S-0 + H* + e~
c) 25-0 — 25 + Oy

o Oxide path (Bockris):
a) S+ HO — S-OH + HT + e~
b) 25-OH — S-0 + S + HpO
¢) 25-0 = 28 + Oy

¢ Krasil’schihikov path:
a) S + HyO — S-OH + H" + e~
b) $-OH — S-O~ + H*
c} 5-07 ~» S5-O + e~
d) 25-0 = 28 + Oy

An oxide with a high catalytic activity for the oxygen evolution reaction should,
besides having acceptable electronic conductivity, show a high affinity for ab-
sorbed OH intermediates [35]. For an oxide layer with a low surface affinity for
oxygen intermediates, the first reaction step in the Krasil’schihikov path is rate
determining (giving a high Tafel slope) [35]. If equilibrium coverage of OH in-
termediates is achieved due to a fast rate of OH electrosorption on the surface
of the oxide, the second step may become rate determining, resulting in a lower
Tafel slope, which is typical for good electrocatalysts [35].

The observed Tafel slope for oxygen evolution varies between 0.04 V and 0.12 V,
but 0.03 V has also been reported [25]. Break in the Tafel line when going from
low to high overpotentials may occur because of the following reasons {25]:

1) Change in reaction mechanism.

2) Transition from ©p ~ 0 to @p =~ 1 takes place while the mechanism is un-
changed. ©p is the fraction of catalyst surface covered by the intermediate.

3) Change in the rate determining step of the same mechanism.
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Experimental kinetic parameters for the oxygen evolution reaction on various
anode materials are given in table 3.5 {25].

Table 3.5: Tufel slopes for various anode materials in acid solution [25].

Electrode material Solution T [°C] b {V]
B-MnQO, 0.5M H».50, 30 : 0.11

Ir 1M H2804 25 £.062-0.112
IO, 0.5M H,S504 25 0.05
Ti-IrO4 0.5M H,S504 30 0.056

PbO, 2.9M H,805 30 0.051 ()-0.121 (B)

3.5 Properties of inert anodes

Lead and lead alloys (Ag/Sbh) are widely used for oxygen evolution in acid solu-
tions. As mentioned in section 1.1.1, lead alloys are not dimeunsionally stable be-
cause they slowly dissolve in the electrolyte, leading to problems such as changes
in the gap between the anode and cathode, and contamination of the product.
According to Jeon et al. [60] the conventional Pb or Pb alloy anodes can easily be
replaced with catalytic electrodes, which show excellent corrosion resistance, no
contamination of the electrolyte and lower energy consumption. Jeon et al. [60]
observed that the overpotential was reduced by 30-40% in the zinc electrowinning
process when catalytic anodes were used instead of lead alloy anodes.

DSA®.type oxygen-evolving anodes can be operated in corrosive electrolytes at
high current densities [27). The good electrocatalytic activity of the DSA®.
type oxygen-evolving anodes, must be coupled with long-term stability with no
significant loss of material and/or poisoning [61]. The oxides used in DSA®.
coatings are expensive materials (especially IrOQ3), and their price is rather similar
to the price of platinum when taking into account the required catalyst loading
in each case [61].

In general, DSA®.type electrodes are characterized by a thin active coating of a
few microns, deposited on a base metal (Ti, Zr, Ta or Nb). The coating enables
the electric charge transport between the base metal and the electrode/electrolyte
interface, and is chosen for its high chemical and electrochemical stability, and
its ability to catalyse the desired electrochemical reaction [14]. The coating is
usually a binary mixture of oxides, one which is conductive and the other non-
conductive: the general form is Me/AO,-BO, where Me is the base metal, AO,
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is the conducting oxide and BO,, the non-conducting oxide of the coating [14].

Some metal oxides exhibit metallic conductivity because of non-stoichiometry or
partly filled d-bands. Figure 3.8 shows the overpotential as a function of the
logarithm of the current density (log i) for oxygen evolution on various metal
oxides from acid solution. As can be seen from figure 3.8, RuO; and IrO; are the
best electrocatalysts for oxygen evolution.

Figure 3.8: The overpotential as o function of log(i) for various ozygen-evolving
anode materials [25].

3.5.1 The Ti/IrO,-Ta;O5 electrode

As described in section 2.1, Ti/IxO3 - TazOs is the best anode for oxygen evolution
in acid solutions. IrQ, is a relatively good electrocatalyst, but it is poorer than
RuOy because of higher Tafel slope and overpotential for oxygen evolution [25].
IrQq is more stable than RuO; during oxygen evolution, as mentioned earlier
(section 2.1). Figure 3.9 presents an outline of the preparation procedure of
Ti/IrO, - TagOs electrodes as described by De Nora et al. [62].

Vercesi et al. [23] studied the influence of the base metal on the coating mor-
phology and electrocatalytic properties. From the calculated activation energies,

the valve metals and their alloys can be classified in the following sequence as
regards oxygen affinity [27].

Ti < 7r < Ta < Nb < Ta-40% Nb

The valve metals have a critical temperature in air. Above this temperature,
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Base metal Ti

'

Sand-blasting

| H,IrCl, 6H,0 and TaCl,
dissolved in conc, HCl and
Etching in hot 20% HCl for 1 h n-butanol or etanol-isopropanol

|

Application of coating solution

|

Dry to remove the solvent | —

F 3

—

Heat treatment at 500-550°C

Repeat in air for 1 hour
12-15 l l
umes Heat treatment at 500-550°C
in air for 10 minutes -
l Air cool
Air cool

Figure 3.9: Qutline of the preparation procedure of Ti/IrOy - Tap Oy electrode
(23, 26, 62].

the oxidation rate of the valve metals increases considerably [27]. During the
preparation of the coating on the base metal, the sample was heated at high
temperatures (500-550°C) in the presence of oxygen. Under these conditions,
surface oxidation of the base metal (M) occurs with the formation of an oxide
{MO;) as given by equation 3.17:

M + %0 -+ MO, (3.17)

The build-up of an oxide layer between the coating and the base metal can have
deleterious effects, such as exfoliation of the coating, or formation of an insulating
Jayer between the base metal and the coating. The temperature required for the
coating deposition should, therefore, never be above the critical temperature for
the base metal [27]. The critical oxidation teraperature for Ta is 350°C while
it is 850°C for Ti [23]. The IrO; - Tay0s coatings are prepared by heating the
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coating solution at 500-550°C, and that is why T1 is used instead of Ta.

The increase in surface roughness of the base metal during sand-blasting and
etching, leads to higher service life and lower steady state dissclution rate of
the coating [29]. Vercesi et al. {23] observed that the quality of the base pre-
treatment, was even more important for the coating morphology than the nature
of the base metal itself. To increase the surface roughness, the Ti is sand-blasted
and etched in concentrated HCI for 1 hour. The reaction between HCI and Ti
metal is described by equations 3.18, 3.19 and 3.20 [27]. The surface of Ti after
pretreatment in HCI has an appropriate degree of roughness, caused by pitting
corrosion. If Ti is pretreated in oxalic acid, the surface appears to be a little
smoother compared with HCI etching, but it is sufficiently rough for coating
adhesion [27)].

TiOy + 4HC1 — TiCly + 2H0 (3.18)
Ti+ 3HCt — TiCls + %Hg main reaction (3.19)
Ti + ZSHQ — TiH, (3.20)

The coating solution can be prepared by dissolving appropriate amounts of
H,IrClg - 6H,0 and TaCls in an ethanol-isopropanocl mixture or n-butanol in
HCl, to form the painting solution [23, 26]. The solution is applied by brush or
spray onto the pretreated base metal in 12-15 sequential coatings. The brush is
used to minimize the loss of active material [14]. The decomposition of the coat-
ing agents into the corresponding oxides occurs above 500°C (with high yields,
>94%, [63]) according to the following equations (3.21, 3.22 and 3.23):

HoIrClg - 6H,0 8 11CLy + 6H,O + 2HCI (3.21)
1rCly + 2H,0 "25F 10, + 4HCL (3.22)

9TaCls + 5Ho0 *2LF TayOs + 10HC! (3.23)
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In the Ti/IrO; - TagOs anode, IrOy represents the active sites where the oxygen
evolution takes place, and TapOs is the chemical stabilizer for IrQy. It was
observed that IrQO, appeared as crystalline clusters on the amorphous phase of
TapOs [26]. The crystal structure of IrO; is tetragonal as the TiO, [64], while
TasOs possesses rhombic crystal structure for 700°C < T [65]. In order to be
electrochemically active, a cluster of conducting oxide must be connected to the
base metal, and at the same time, it must be in contact with the electrolyte
[14]. The most probable reactions in the case of IrO; occurring at the interface
between the electrocatalyst and the electrolyte are given by equations 3.24 - 3.26
£20].

IrOs + Hy O ~» IrQ3 -+ 2HT 4- 2¢™ (3.24)
II‘O3 ~3 IrQs + Oads (325)
QOads -3 (O (3.26)

According to De Nora et al. [62], the IrO,-Tas Q5 coating is a n-type semiconduc-
tor. By addition of the doping metal oxides of Ca, Mg, Ba, Co, Fe, Ni, Cr, Mo
or Mn, the conductivity may be reversed from n-type to p-type, which improves
the anodic process by producing electronic holes [62]. The catalytic activity of
the doped coatings was increased because a lower anode potential was observed
compared to the undoped anodes [62].

3.6 Manganese dioxide

As mentioned in section 2.2.1, MnQs is mainly used as cathode in dry cells, but
it is also used as anode for oxygen evolution although its performance is less
satisfactory than that of noble metals [25]. Oxygen evolution proceeds on MnQ,
with a Tafel slope of 0.12 V in acid solution where primary discharge of HoO is
the rate determining step. The catalytic properties are maximized if 5-MnO; is
thermally treated at around 480°C where partial conversion of MnQ; to MnsOs
occurs and makes a solid redox couple. Excess MnyQOj3 decreases the catalytic
properties. Figure 3.10 shows the Pourbaix diagram for the manganese species
at T = 25°C.
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Mn3':
+1.2
+9.8

+0.4%
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Figure 3.10: The pH-potential diagram of the manganese system ai T =25°C
[66].
3.6.1 Deposition of manganese dioxide

Deposition of MnO; on the anode from zinc electrolyte containing MnSOy, occurs
as a parasitic reaction to the oxygen evolution. The deposition mechanism was
reviewed in section 2.2.2, and only a short summary will be given here. It is likely
that deposition of MnOs from Mn?* occurs as an ECE mechanism (equation 3.27,
3.28 and 3.29) as suggested by Petitpierre et al. [47].

Mn?t - Mn?* + e~ (3.27)

Mn®t 4+ 2H;0 — MnQOH + 3H™* (3.28)

MnOOH — MnOg + H + e~ (3.29)
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At high oxidation potentials, Mn** may oxidize directly to permanganate
(MnQ4~) as given by equation 3.30 {7, 67)].

Mn®t + 4Hy0 - MnOp +8H' +6e~  E° = 1.51Vwye (3.30)

The permanganate ions, which are good oxidation agents, may react with the
Mn?* ions in the electrolyte, and form Mn** according to equation 3.31 {7]. The
Mn#t ions can hydrolyze and form dispersed MnQ; in the bulk as described by

equation 3.32.

IMnO; + 3Mn?t + 16HY - 5Mn** + 8H,0 (3.31)

Mn** +2H,0 = MnO, +4H™ (3.32)

Absorbance

“--...‘,.-v""" s ) ————
400 500 600 700
aove length, mp

Figure 3.11: Absorption spectra of 0.87.107% M MnO,~ in 1M H;SO; (dotted
curve), and MnP+ in TM HySOy (solid curve), prepared from 0.2 M MnSOy4 in
TM HoSO4 for ~97 minutes at current 24.8 A [68].

The colour of the Mn3" ions is quite similar to that of MnQ4™~ ions, which is
red-violet. To distinguish between the two species, an absorption spectrum of
the electrolyte may be taken, and compared to the absorption spectra of the two
species. Figure 3.11 shows the absorption spectra for 0.87-10~% M MnQ,4~ in 1M
H,804 and Mn3t in 7M Hz80,. The MnQ,~ ions have two absorption peaks
(525 and 550 nm), while Mn®** has only one round absorption peak at ~500 nm.
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3.6.2 Reduction and dissolution of manganese dioxide

Reduction of MnO, is believed to take place via electrochemical as well as by
chemical reactions. It is suggested that the first reduction step takes place in the
interior of the deposit where the electrons and protons meet forming MnOOH,
which is the initial product of the cathodic reactions as described by equation
3.33 [66, 691

MnOy +H +e~ — MnOOH (3.33)

In acid solutions MnOOH can react with the protons to form Mn®t according to
reaction 3.34 [56].

MnOOH + 3 HY — Mn®*t +2 H,0 (3.34)

In addition, Mn?t ions in the electrolyte may attack the deposited MnQO; as
described by the chemical reaction 3.35.

1/2 MnOj + 1/2 Mn?* + 2 HT — Mn®t + H20 (3.35)

The Mn®* ions present near the electrode surface may be reduced to Mn2t as
given by equation 3.36.

Mn®* +e” — Mn?* (3.36)

From the literature review in section 2.2.3 and the reactions described above, it is
seen that deposited MnO» can be reduced electrochemically. Deposition of MnO
is difficult to avoid if Mn?t ions are present in the electrolyte. The one way to
avoid deposition of MnQs on the anode surface, is to use strong agitation in the
electrolyte, and in that way remove the Mn3t from the anode surface into the
bulk electrolyte, so that formation of the MnQO; takes place in the bulk electrolyte
[48].

Velayutham et al. [54) found that phosphoric acid, HsPOy, stabilized the Mn3+
ions in the electrolyte, and the anodic peak current decreased compared to elec-
trolyte with only HySO4. Small additions of H3POy to the sulphuric acid may
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diminish the deposition of MnO; on the anode surface during oxygen evolution.
One problem by adding H3;POy4 to the electrolyte when T1/IrQq - TagOs anodes
are used, is that the phosphate can react preferentially with the Ta component
[22).

If the oxidation of water is replaced with oxidation of a ”fuel” that is compatible
with the cathodic process, a reduction of the energfz consumption in the process
can be achieved [60]. The use of Fe?*  depolarized the anodic reaction and
reduced the overvoltage by 30-40% compared to the existing zinc electrowinning
process with lead alloy anodes [60]. The cell arrangement is more complex when
Fe?* ions are present in the electrolyte, because the anolyte and catholyte must
be separated with a membrane. Fe?t is a good reducing agent in acid solution
and can reduce the deposited MnO; as described by equation 3.37 [41].

MnQj + 2Fe?t + 4H* — Mn?* + 2Fe®* + 2H,0 (3.37)

Manganese dioxide is not attacked by cold concentrated sulphuric acid, but if
it is heated to 110°C, oxygen is evolved and manganese sulphate is formed, as
described by equation 3.38 [36).

)T:

MnO, + HySO4(conc.) - = © MnSO4 + HyO + %02 (3.38)

If concentrated HCl is added to MnO3, chlorine is evolved upon heating as given
in equations 3.39 - 3.41 [36]. Some chlorine evolution takes place in the zinc
electrowinning process today, but it is in very small quantities. If HCI should be
used to dissolve the deposited MnO» on the anodes, it should be done in a closed
chamber outside the cell.

MnQOg + 4HCl — MnCly + 2H,0 (3.39)
MnCl; — MnCls + %Clg (3.40)

i
MnCl; — MnCls + §C12 (341)
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Sulphur dioxide {SO2) can be used to reduce MnOs in sulphuric acid solution by
dissolving the gas in the electrolyte. The main reaction is formation of manganese
sulphate, which is soluble in HySOy, as described by equation 3.42. The main
drawback with this process is that SOg is a very poisonous gas, and should be
handled with care.

MnOs + SOz — MnSO, (3.42)

Hydrogen peroxide (H20z) can act as a strong reducing agent in the presence of
dilute acids. MnO, is reduced to MuSOy in the presence of HaO, as described in
equation 3.43 [36]. In addition, H,O; may reduce Mn®* ions to Mn** according
to equation 3.44 [70]. Compared to the chemicals described above, HoOg is easy to
handle, and can be added to the electrolyte without any changes in the existing
electrowinning cell. Dominguez et al. [70] removed deposited MnOy from the
lead alloy anode during the electrowinning process, and observed that 12 kg of
Ha02 (100%) per ton of Zn produced was required in an electrolyte with Mn?*
concentration of 2 g/l

MnO, + HoO0 + H:504 — MnSQy4 + 2H,0 + Qs (3.43)

Me?t + HyOp — 2Mn*t + 2HY + O, (3.44)

1f deposition of MnOj is avoided by addition of reducing agents, accumulation of
Mn2* ions in the electrolyte will occur. Fussi et al. [71} described a method for
removing manganese from zinc blends with high manganese contents (more than
0.5%). The manganese concentration in the electrolyte was reduced through a
cold electrolytic demanganization process, prior to the standard zinc electrowin-
ning.
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Chapter 4

Experimental

The experiments in this thesis are divided into 4 major parts as follows:

e Kinetic measurements (cyclic voltammetry and linear voltammetry).
o Galvanostatic electrolysis experiments.
o Pulse (potential) experiments.

e Scanning Electron Microscopy (SEM) with element analysis.

4.1 Apparatus and chemicals

The cell used in the various experiments was the same when planar electrodes
were used. An outline of the cell is shown in figure 4.1. The anode materials used
in the experiments are described in section 4.2.

Some experiments were performed by using rotating cylinder electrodes. The base
metal was Ti, and the electrode was prepared in the same way as the standard
coating Ti/IrO; - TagOs (described in section 4.2). Three electrodes were bolted
onto a threaded bolt of copper, to ensure good electronic contact. Soft rings of
Teflon were placed between two anodes to eliminate the edge effect on the anode
in the middle. The rest of the threaded bolt was covered by Teflon. Figure 4.2
presents a sketch of the rotating cylinder electrodes on the electrode holder of
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stainless steel. The cathode was a concentric cylindrical sheet of aluminium, and
the distance between the anode and the cathode was ~3 cm.

Figure 4.1: Qutline of the cell used in the present work. A: inlet of air. C:
counter electrode. R: luggin capillary to the reference electrode (Hg/HgoS04 (2M
Hy504)). W: working electrode. T: thermometer. The electrolyte volume was 11,
and the distance between the working electrode and the counter electrode was ~8
cm.

The cell was placed in a water-bath with a thermostat, where the temperature was
held constant. The cyclic voltammetry measurements were obtained by an EG
& G Princeton PAR potentiostat, model 236A, with ancillary software. Linear
voltammetry and AC impedance measurements were obtained with an Autolab
potentiostat (PGSTAT20). A direct current supply {Hewlett Packard 6032A) was
used in the galvanostatic experiments, and a multimeter (Keithley 2000} was used
to measure the potential between anode and the reference electrode (Hg/Hgy SO,
(2 M HsS804), Ref 601, Radiometer). The mercury sulphate electrode, MSE,
(Hg/Hg2S04 (2 M HyS04)) served as reference electrode in all experiments. A
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rotator {(EG&G Parc Model 616 RDE) was used to rotate the cylinder electrodes.
A Personal Computer (486) was used to log the potential and current data during
the measurements.

Soft Teflon rings

[T
M )
/'

\

Teflon

Stainless steel

Figure 4.2: Schematic drawing of the cylinder electrodes on the electrode holder.
A = eleetrodes with IrOy - TayOs coating (described in section 4.2) with d, = 2
cm (outer diometer) and h = 0.8 cm (high).

Table 4.1 shows the chemicals used in the experiments. It was desided to carry
out the experiments in HoSO4 containing only Mn?*, to eliminate the effect of
other metal ions which are present in the zinc electrolyte (ZnSOq4 etc.). The
chemicals were of pro analysi quality and were used as received.

Table 4.1: The chemicals used in the experiments.

Chemicals Producer
Manganese sulphate hydrate, MnSOy - HoO Merck
Sulphuric acid, HoSO4 (96-98%) Merck
Hydrogen peroxide, HoO2 30 % Merck

4.2 Anode materials

Table 4.2 contains all the anode materials tested in the present work. All the
oxygen-evolving electrodes with catalytic coating were produced by Permascand
AB in Ljungaverk, Sweden. The Ti/IrO - TazOs electrode, which is the standard
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oxygen-evolving anode, was a Ti sheet (2x3 c¢m, sand-blasted and etched in HCI)
coated with IrOy - TaOs as described by De Nora et al. [62]. The modified
coatings were prepared with the IrOj - TagOs coating (US patent 3,926,751 [62])
as the starting material. The IrOy content was held constant for all the modified
coatings. Addition of MnOj was introduced by replacing the TayOy content (in
mol%), to see if the MnO; content in the coating had any effect on the catalytic
properties of the coating in electrolytes containing Mn?* ions. The MnQ; content
in the catalytic coatings is written as MnO,, because the crystal structure is not
known. The x value is assumed to be less than 2. The electrode surface was
investigated by SEM before and after the electrochemical experiments.

Table 4.2: Anode materials studied in the ezperiments.

| Material | Description
Pt Rolled
Pb/Ag Lead alloyed with 0.5 wt% Ag
IrOg - TayOs | the standard IrQs - Tay 05 coating on Ti
IrOqtop the standard IrQy - TapO5 with three outer layers of IrOy
IrO, pure IrO5 coating on Ti

IrTaMnOg5 | IrOs/ Tap0s/5 mol% MnO, on Ti
IrTaMnQO,50 | IrOy/ Tap05/50 mol% MnO, on Ti
I'faMnO,75 | IrO2/ Tag05/75 mol% MnO, on Ti
IrMnO, IrO5 /100 mol% MnO, on Ti

4.3 Experimental procedures

4.3.1 Cyclic voltammetry

The cyclic voltammetry measurements were performed in sulphuric acid contain-
ing Mn®* ions, on the various anode materials {table 4.2) in a cell as described
in figure 4.1. The counter electrode was of Pt. An overview of the parameters in
the cyclic voltammetry are given in table 4.3. The scan was started at the open
circuit potential, and reversed before the oxygen evolution started, and run in
the cathodic direction until ¢ mV vs. MSE, and ended at the initial potential.
The geometrical area of the working electrode was 1 cm?.
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Table 4.3: Parameters in the cyclic voltammetry measurements. The temperature
was held constant at 35°C.

Working Scan interval SR | ¢(Mn*t) | c(H3504)
electrode [mV] [mV/s] g/ M]

Pt 300 — 1200 — O - 300 | 0.5-100 1-40 0.5-6
IrQqg - TagOs | 250 — 950 — 0 —» 250 1-100 0-10 2
IrOstop 250 — 950 — 0 — 250 1-5 10 2
IrQq 250 - 950 — 0 —+ 250 1-5 10 2
IrTaMnOz5 250 — 950 — 0 — 250 1-5 10 2
TrTaMnO.50 | 250 — 950 — 0 — 250 1-5 10 2
IrTaMnQ,75 | 250 —» 950 — 0 — 250 1-5 10 2
IrMnO, 250 —+ 950 — 0 -+ 250 1-5 10 2

The effect of the Mn?T concentration and the scan rate

In these experiments, the acid concentration was held constant (2M H2S04) while
the Mn2" concentration and scan rate were varied. The temperature was 35°C
for all the experiments and no forced convection was used. The working electrode
was Pt. Table 4.4 presents an overview of the different parameters.

Table 4.4: Parameters in cyclic voltammetry where the effect of Mn?* concentra-
tion and scan rate was to be studied on Pt as working electrode.

[ ¢(H2S04) M] | T [°C] c(Mn**) [g/1] Scan rate (mV/s] |
R 35 11,2 5,10, 20, 30, 40 1
2 35 10 10
2 35 10 100

The effect of acid concentration

The Mn2* concentration was constant (10 g/1) in these experiments, while the
sulphuric acid concentration was varied as follows: 0.5, 1, 2, 4 and 6 M. The scan
rate was 1 mV /s and steady state conditions were assumed. The temperature was
35°C and no forced convection was used. Platinum served as working electrode.
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The effect of temperature and convection

These experiments were carried out in 2M H2SO, containing ¢(Mn?*) = 10 g/l
with Pt and Ti/IrOs - TagOs as working electrode. The convection was intro-
duced mechanically. Table 4.5 shows the parameters used in these experiments.

Table 4.5: The parameters in cyclic voltammetry where the effect of temperature

and convection was studied on Pt end Ti/IrOy - TapOs as working electrodes.

The geometric area of the working electrodes was 1 cm?®.

[ ¢(H2504) [M] | ¢(Mn**) [g/]] | Temperature [°C] | Stirring | SR [mV/s] |

2 10 35 no 1
2 10 35 yes 1
2 10 21 no 1
2 10 21 yes 1

4.3.2 Linear voltammetry

The linear voltammetry measurements (by Autolab potentiostat (PGSTAT20))
was used to record E-i curves on IrOs « TasOs and on the modified coatings
(table 4.2) in pure 2M Hy50, at 35°C, and in 2M H3S04 containing Mn?* ions
(10 g/1). The potential interval was 0-1500 mV vs. MSE and the scan rate was
1 mV/s. The geometrical area of the working electrodes was 0.25 cm® and no
forced convection was applied in these experiments. No corrections were used for
the ohmic drop between the capillary tip and the electrode surface.

4.3.3 AC Impedance measurements

AC Impedance measurements were carried out on Ti/IrOs - TagOs electrodes
in pure 2M H3S04 at 35°C, and no forced convection was applied to the cell.
Various potentials were applied to the working electrode {OCP, 0.5 V, 1.0 V and
2.0 V vs. MSE) during the impedance measurement, to see if the ohmic drop
between the capillary tip and the working electrode surface increased for the high
potentials.The Autolab potentiostat (PGSTAT20) was used in these experiments,
and the frequency interval was 10-100 kHz.
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4.3.4 Galvanostatic electrolysis

The electrolysis experiments were carried out in a cell as described in figure
4.1. A direct current supply (Hewlett Packard 6032A) was used to impose the
wanted current through the circuit, and a multimeter (Keithley 2000} was used
to measure the anode potential vs. MSE. The cathode was of aluminium, and
only hydrogen evolution was expected to take place on the cathode. Evaporated
electrolyte was replaced by distilled water. Table 4.6 shows the parameters for
the electrolysis experiments.

Table 4.6: The parameters used in the galvanostatic electrolysis.

[ Anode material | ¢(H2504) [M] cMn?) [g/l] | 1 [A/ew?] | T PCLH
Pb/Ag > 10 0.0 35
Pt 2 10 0.05 35
1:O5 - Ta0s 2 0.01, 5, 10 0.05 35
1rQg - TagOs 2 it 0.05, 0.5, 1 35
IrOstop 2 10 0.05 35
IrQs 2 10 0.05 35
IrTaMnQO,b 2 10 0.05 35
1 TaMnO,50 2 10 0.05 35
IrTaMnQ,75 2 10 0.05 35
IrMnO, 2 10 0.05 35

Electrolysis on rotating cylinder electrode

Three rotating cylinder electrodes with 1rQy - TagOs coating (d = 2 ¢cm, h = 0.8
cm) (fig. 4.2) were used as anodes for electrolysis in 2M Ho504 with o(Mn?+) = 10
g/l at T' = 35°C and various rotating velocities (0, 50, 300 and 3000 rpm = 0- 3.0
m/s). The applied current density was 0.05 A/cem?, and it was assumed that all
three electrodes had the same electronic contact. The current was not switched
off until the anodes were taken out of the cell after 10 hours. The cylinder
electrode in the middle was assumed to obtain uniform current distribution, and
was investigated in the SEM after being washed in distilled water, cast in epoxy
and polished.
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Use of H20:2 as reducing agent

It was tried to suppress the deposition of MnOs during oxygen evolution on the
anode, by addition of HyO4. In all these experiments, Ti/IrQOy - TagOg served as
anode material in 2M HoSO4 with ¢(Mn®*) = 10 g/1. The temperature was 35°C,
and the current density was 0.05 A/cm?. An injection pump was used to add
H, 0, dropwise to the electrolyte with a velocity of 8-9 ml/hour. The quantities
of HpOy added to the electrolyte per hour were: 0.9 g, 1.19 g, 1.79 g and 3.57 g.
Air was bubbled through the electrolyte to mix the HyO in the electrolyte. The
electrolysis time was 100 hours.

4.3.5 Potential pulses

The pulse experiments were accomplished to see if the deposited MnO; could
be reduced on the anode by reversing the electrode potential in the cathodic
direction (relative to the oxidation potential) for a short time. Figure 4.3 shows
the different potential pulses applied to the working electrode (Ti/IrOz - TayOs).
Air was bubbled through the electrolyte to remove the reduced species from the
anode surface. The experiments were conducted for 180 hours.
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Figure 4.3: The potential pulses applied to the Ti/IrOy - Tag Os electmde in 2M
HySO04 with ofMn?t )= 10 g/l at T = 35°C. The anode area was 1 cm?.
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Chapter 5

Results and discussion

5.1 SEM images of oxygen-evolving coatings on Ti

The oxygen-evolving coatings studied in present work, were produced by
Permascand AB in Ljungaverk (Sweden) according to the procedure described
by De Nora et al. [62]. The elecirodes were studied by SEM {secondary electron
mode, SE) with element analysis (EDS} to view the morphology and the element
distribution in the coatings. Figures 5.2 - 5.8 show the SEM images of the various
coatings: IrQOg - TapOs, IrOstop, IrOs, IrTaMnQ.5, r'TaMn0,50, Ir'TaMnO,75
and IrtMnO,. The description of the coatings is given in table 4.2 in section 4.2.

Figure 5.1 shows the morphology of the Ti substrate after sand-blasting and
etching in hot HCL The surface had a high degree of roughness, which should
increase the adherence of the coating to the base metal. The surface of the
standard IrOs - TayOs coating (10 layers) is shown in figure 5.2. As mentioned
in section 2.1, several scientists observed a mud-crack structure for the Oy -
Ta205 coating (17, 22, 23, 28, 32]. A few cracks were observed on the IrQy
- Tas 05 coating, but no mud-crack structure. The bright crystallite particles
consisted of IrOs, while the dark and smooth phase consisted of Taz0s and rOs.
Otogawa et al. [26] observed the same morphology as in figure 5.2, but the TapOs
rich phase consisted of more macro cracks than is seen in figure 5.2.
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e
Figure 5.1: Surface of sandblasted Figure 5.2: Surface of the IrQOy -
and etched (in HCL) Ti. 1000X. Tay Os coating. 2000X.

Figure 5.3: Surfece of the IrOstop Figure 5.4: Surface of the IrQy coat-
coating. 1000X. ing. 1000X.
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When the three outer layers consisted of pure IrOz on top of the IrOy - TapOg
coating, as presented in figure 5.3, the IrQO; crystallites were more uniformly
distributed on the TasOs surface. But still some chained agglomerates were
observed. The catalytic surface area was expected to increase for this coating
because of higher quantities of IrOy on the coating surface. Figure 5.4 shows
the surface of pure IrQy coating. The IrOy crystallites were distributed over
the entire surface, but the morphology of the etched Ti base metal was visible
(compare figures 5.1 and 5.4}, which indicates that the coating was very thin.
Relatively high quantities of Ti were detected (in the element analysis) compared
t0 the standard IrOs - TagOs coating. The appearance of Ti in the IrO; coating,
may be due to a very thin or porous coating.

Figure 5.5: Surface of the Figure 5.6 Surface of the
IrTaMnO.§ coating. 1000X. IrTeMnQ;50 coating. 1000X.

The IrO; - TagOs coating was doped with small quantities of MnO; (5 mol%) by
reducing the equivalent quantities of the TayOs content. The SEM image of the
coating surface is shown in figure 5.5. The outlook of this coating was very similar
to the standard IrO, - Tay0s coating, and it contained only a few cracks. The
smooth TapOy phase contained MnOg, while the agglomerates mainly consisted
of IrQ;. When the MnO, content was increased to 30 mol%, the morphology
of the coating surface changed markedly (see figure 5.6). No IrQO, agglomerates
were observed, as for IrQg - TapOs. Instead the IrQq, Tas0s and MnO,, existed
in apparently one phase.
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The coating consisted of bar-shaped crystallites, and cracks. Small quantities of
Ti were detected in the element analysis, due to cracks and pores.

Figures 5.7 and 5.8 show the surface of the Ir'TaMnQ,75 and ItMnO, coating
respectively. The morphology of the IrTaMnQ,75 coating consisted of flakes with
many cracks, and no agglomerates of IrO, were observed. The same was observed
for the IrMnO, coating, but some areas of the coating had higher quantities of
IrO2 and MnO;, than others. This coating was smoother and had less cracks than
the IrTaMnQO,75 coating.

Figure 5.7: Surface of the Figure 5.8: Surface of the IrMnO,
IrTaMn0, 75 coating. 2000X. coating. 1000X.

The crystal structure of the compounds (IrOg, TazOs and MnQ,) in the various
coatings presented in figures 5.2 - 5.8 was studied by XRD (X-ray Diffraction).
The coating was very thin (1-10 pm), and the X-ray beam went through the
coating and detected only the Ti substrate. Powder analysis of the coatings is a
better method to study the crystal structure of the coating compounds by XRD,
than the coating on the base metal.

As described above, there was a marked change in the morphology of the coatings,
when the MnO, concentration was raised above 5 mol%. The increasing number
of cracks for these coatings cormpared to the IrQ, - Tay O3 coating, may be caused
by greater difference in the thermal expansion coefficient between MnO, and the
Ti base metal, than between Ti and TayOs. The IrQOq content was the same
in all the coatings, so the electrocatalytic activity should not change markedly
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from one coating to the other. However, the catalytic surface area may not be
the same for all the coatings. The IrOztop coating, where the three outer layers
were pure IrQ,, should have the highest catalytic surface area. The formation
of the agglomerates of IrO; in the IrO2-Ta 05 coating was thought to be caused
by the calcinating temperature [22]. The results described above show that the
composition of the coating, by addition of MnQ,, may cause changes in the
morphology. :

5.2 Cyclic voltammetry in sulphuric acid containing
Mn?* ions

In the present experiments a mercury sulphate electrode (MSE) (Hg/HgoSO4 with
oM H.S804) served as reference electrode, while platinum was used as counter elec-
trode, as described in figure 4.1 in section 4.1. Both Pt and Ti /IrOq - TagO5 were
used as working electrodes. The scan was started at the open circuit potential,
and reversed before visible oxygen evolution started. The purpose of these exper-
iments was to study the mechanisms for oxidation of Mn?* to form manganese
dioxide (MnOs), and reduction of the deposited manganese dioxide.

A diploma work was performed by Bjgrnard [72] in connection with the present
work. 1 was co-supervisor for Bjgrnaré, and will therefore include the absorption
curves for Mn®*t, and refer to his diploma work. The rest are my results, if
nothing else is mentioned.

5.2.1 Platinum as working electrode

Platinum was used as working electrode because of its high oxygen overvoltage.
1t was expected that the oxidation peak current caused by oxidation of Mn2t,
and the current caused by oxygen evolution could be separated also at high scan
rates with Pt as working electrode.

Effects of Mn2t concentration and scan rate

In these experiments 2M HpSO4 was used as supporting electrolyte, and the con-
centration of Mn2+ was varied as follows: 1, 5, 10, and 40 g/1. The temperature
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was held constant at 35°C, which is close to the temperature for industrial zinc
electrowinning. Figure 5.9 shows cyclic voltammograms where the manganese
concentration was varied from 1 to 40 g/l. No mechanical stirring was used in
these experiments. The scan was very slow (SR = 1 mV/s), so that steady state
conditions could be assumed.

i [mA-cm?]
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Figure 5.9: Cyclic voltammetry on a Pt electrode in 2M HoSO4 with varying
Mn** concentration (1-40 g/l), scan rate 1 mV/s, T= 35°C.

During the anodic scan, two anodic peaks were visible, where the first peak
was very sharp and the second one was smaller. Since two anodic peaks were
observed, the oxidation of Mn?* to MnOs may occur in two eiectrochemical
steps as described by equations 3.27 and 3.29 in section 3.6.1. When the Mn2t
concentration was increased, the first oxidation peak became sharper while the
second one was less pronounced. The reduction in current density after the
first peak may be due the formation of an insulating intermediate, MnOOH, as
suggested by Petitpierre et al. [47] and by Paul et al. [50] in equation 3.28. A
brown deposit was observed on the electrode surface at the first oxidation peak.
At higher oxidation potentials the electrode was covered by a black deposit.

A round oxidation peak was observed for the lowest Mn?* concentration (1 g/1).
‘The round form of the oxidation peak instead of a sharp peak, may be explained
by only small amounts of the insulating intermediate formed on the electrode
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surface, so that some of the active electrode surface may still have been active for
further oxidation of Mn2+ to Mn3*. At higher Mn** concentrations, formation
of the insulating intermediate may have been dominating, covering the entire
electrode surface, and passivating the electrode against further oxidation of MnZ+
to Mn3+. The intermediate product may oxidize to MnO; at higher potentials
according to equation 3.29.

Several scientists have suggested that the Mn®t jon is not stable at low acid
concentrations, and that it will disproportionate to Mn?t and Mn*t immediately,
as given by equation 2.7 in section 2.2.2. The colour of the Mn®* ions in sulphuric
acid is very similar to that of permanganate (MnO4~), which is red-violet [68],
and can be confused. UV absorption spectroscopy may be used to compare the
absorption spectra of the MnQ4~ (two peaks at wave lengths 525 and 550 nm)
and the Mn®* jon (one round peak at ~500 nm).

20 ) ) £ 500 =0 600 58 780
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Figure 5.10: Absorption specira obtained during voltammetry measurement {in-
terval 500-950 mV) in 2M Ho S04 containing c(Mn?t) =10 g/lat T = 85° C and
scan rate 0.05 mV/s [72].

It was decided to record absorption spectra of the electrolyte during the anodic
scan on a Pt electrode. The scan was run from 500 to 950 mV in 2M HSOq
containing ¢(Mn2%) = 10 g/l at T = 35°C and scan rate 0.05 mV /s. Figure 5.10
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shows that the intensity of the absorption spectra increased when the oxidation
potential was increased. The peak was round and the maximum was observed at
wave length 490 nm, and was very similar to the absorption spectrum for Mn?+
obtained by Selim and Lingane [68], presented in figure 3.11 in section 3.6.1. This
observation indicates that Mn®* ions may be present in 2M H,SO4, and that the
first oxidation step in the oxidation of Mn?* to MnO, could be described by
equation 3.27. .

During the cathodic scan three peaks were observed (figure 5.9), where the first
peak was very sharp and appeared at 730-800 mV, the second was hardly seen
(at ~600 mV), while the third one had a normal shape and appeared at 300-400
mV. After the first reduction peak, a current plateau was observed, before reduc-
tion peak number three appeared. From the voltammetry curves for c¢{Mn?t)=
5 and 10 g/l, a very small reduction peak can be observed at 550 mV. The
current density on the plateau increased with increasing Mn®* concentration in
the electrolyte, because of larger quantities of reducible deposit on the electrode
surface.

It is likely that an insulating layer of MnOOH was formed (equation 3.33) in the
first reduction peak, as suggested by several scientists [44, 47, 49, 53, 55]. The
first reduction peak became sharper when the Mu?t concentration was increased.
For the lowest Mn?* concentration (1 g/1) only small amounts of MnQO, were
present on the electrode surface, leading to less formation of MnOOH which could
deactivate further electron transfer through the deposit. For Mn2* concentrations
higher than 1 g/l, the current density decreased immediately and gave a very
sharp peak. Black deposit was still present on the electrode surface after the first
reduction peak.

According to Vosburgh [44], MnO; is a semiconductor where the electrons can
pass through by being transferred between Mn** and Mn®*t. Upon discharge
of the MnO; electrode, MnOOH is formed on the surface of the electrode [66].
Kordesch [37] and Ruetschi [39] suggested that reduction of MnO, may involve
protons present in the lattice, and that absorption of electrons may take place in
the solid phase. Lee et al. [55, 56] found that the first reduction step took place
on the interface deposit/electrolyte, because dendrites present on the deposit
surface before reduction peak 1, were absent after the reduction peak. Anyway,
XRD analysis of the deposit surface after the first reduction peak did not show
any new phase, but only v-MnQOs.

When the Mn?t concentration in the electrolyte was increased, more MnQ, was
expected to deposit on the electrode surface. If the first reduction step took
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place at the interface deposit/electrolyte, the ohmic drop through the deposit
layer should shift the reduction potential for the first reduction peak to more
cathodic potentials for higher Mn?t concentrations, because the MnQO, deposit
is a semiconductor [25]. The first reduction peak potential decreased 70 mV
from ¢(Mn) = 1 g/l to ¢(Mn) = 40 g/l, and was nearly independent of the
Mn2+ concentration for ¢>5 g/l. It is suggested that the first reduction step
is determined by diffusion of protons and electrons in the MnO; lattice. Since
the reduction peak potential was nearly independent of the amount of deposited
MnQ; on the electrode, it is suggested that the first reduction step takes place
beneath the surface as the protons can penetrate the MnO; crystal lattice.

The reduction potential for the third reduction peak became dependent on the
Mn2* concentration for c(Mn?t) > 10 g/1. Lee et al. [56] observed three reduction
peaks in sulphuric acid solutions with concentrations 3.75-7.5M, and suggested
that Mn3*, produced by chemical dissolution of MnO; and MnOOH as described
by equations 2.16 and 2.18, was reduced at potentials 0.1 V vs. MSE. The
reduction potential for the third reduction peak shifted ~80 mV in the positive
direction, when the Mn2t concentration was increased 40 times. It is suggested
that Mn®+ produced according to equations 3.34 and 3.35, was reduced during
the third reduction peak as described by equation 3.36. The shift of the reduction
potential for peak 3 to less cathodic potentials, may be explained by the Nernst
equation 3.2 because of larger quantities of Mn®+ produced during the dissolution
of MnQy and MnOOH.

Figure 5.11 shows cyclic voltammograms recorded on a platinum electrode for
varying Mn®" concentrations (1-10 g/1) at 10 mV/s. Compared to figure 5.9 the
oxidation peak shifted to more anodic potentials when the scan rate increased for
all manganese concentrations, indicating that the oxidation of Mn?* to MnOg
is an irreversible reaction. Rodrigues [53] observed the same for deposition of
MnO- from 0.5M Mn2SOy in 0.4M HyS04 at 80°C, and suggested that the anodic
deposition of MnO; involved a complex mechanism.

The oxidation peak was less sharp at 10 mV/s than at 1 mV/s, and only one
oxidation peak was observed. This may be explained, as suggested by Petitpierre
et al. [47], by less time for the chemical reaction (3.28) to occur and produce
an insulating intermediate product (MnOOH), which could passivate the entire
electrode surface. A current plateau was observed before the oxygen evolution
started, and it is suggested that further oxidation of Mn?* to MnO; occurred in
this area.
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Figure 5.11: Cyclic voltammetry on a Pt electrode in 2M Hy 80, with varying
Mn®* concentration (1-10 g/1), at scan rate 10 mV/s and T= 35°C.

At 10 mV/s, the first reduction peak had the same shape as observed for 1
mV/s. The second reduction peak was clearly seen for Mn** concentrations 2, 5
and 10 g/1. For the lowest concentration (¢(Mn?*)= 1 g/I) only two reduction
peaks were observed at this scan rate, which may be due to small quantities of
deposited MnO; on the electrode surface.

Maskell [57] observed two reduction peaks in acidic solutions with concentrations
0.0125-3.75 M, and suggested the same reduction reaction (3.33) for the two
reduction peaks. Petitpierre et al. [47] observed three reduction peaks at 60°C in
0.5M MnyS04 and 3.8 M H2S04. The results obtained in figure 5.11 show that
three reduction steps may take place at lower Mn?* concentrations (c¢(Mn2+) >
5 g/1 ~ 0.09M), lower temperatures (35°C) and lower acid concentrations (2M
H2504). The reduction step during the second reduction pesk is believed to be
the same as for the first cathodic peak.

When the scan rate was increased to 100 mV/s (figure 5.12), no sharp oxidation
peak was observed like for the lower scan rates described earlier, and the oxidation
peak shifted to higher potentials (see also figure A.1 in Appendix A). A current
plateau was observed before the oxygen evolution started as observed for scan
rate 10 mV/s. This may be explained, as suggested by Petitpierre et al.[47], by
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less time for the chemical reaction 3.28 to occur and produce an insulating layer
of MnOOH, or a change in the deposition mechanism. The plot of the oxidation
peak current is plotted as a function of the square root of the scan rate in figure
A.2 in Appendix A, which may indicate a change in the deposition mechanism
of MnOs.
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Figure 5.12: Cyclic voltammetry on a Pt electrode in 2M Hy80,, at scan rate
100 mV/s and T= 35°C.

Only two reduction peaks were observed for the highest Mn?* concentrations (5
and 10 g/1). The first reduction peak was hardly seen for the low manganese
concentrations, while it had a round form for Mn2* concentrations 5 and 10
g/l. Compared to figures 5.9 and 5.11, it is seen that the intensity of the first
reduction peak decreased when the scan rate was raised from 1 to 100 mV/s. It
is likely that only small amounts of MnO, were formed at high scan rates because
of less time for nucleation, so that parts of the electrode surface may still have
been active, giving a round reduction peak instead of a sharp peak. Another
explanation of the round reduction peak, may be that the scan was too fast for
the entire interface to be passivated by MnOOH. The reduction peak observed at
400 mV for ¢(Mn2*) = 10 g/l may be reduction of Mn®* ions near the electrode
surface.
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Figure 5.13 presents the relationship between anodic (both oxidation peaks) and
cathodic charge (all reduction peaks) consumed during the scan. The ratio was
more than 1 for all concentrations, which indicates that not all of the oxidized
species were deposited. Bodoardo et al. [49] observed that the anodic peak area
corresponded well to the sum of the cathodic peaks, while Rodrigues et al. [53]
observed the same as in the present work, that the cathodic charge was less than
the anodic charge at any scan rate.
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Figure 5.13: Relationship between anodic and cathodic charge (Qu/Q.) used to
deposit and reduce manganese diozide on a Pt electrode in 2M Ha SOy with varying
Mn®* concentration, as a function of the square root of scan rate, T= 35°C. A;
o(Mn®t)= 10 g/, B; c(Mn** )= 5 g/I, C; c(Mn®* )= 2 g/l and D; ¢(Mn?* )= 1
g/t

For the lowest Mn®t concentrations, the relationship was nearly independent
of the scan rate and Mn?* concentration. When the Mn?* concentration was
increased to 5 and 10 g/, the relationship between the anodic and cathodic charge
increased, compared to the curves for 1 and 2 g/1. A maximum was also observed
in the ratio between anodic and cathodic charge at scan rate 10 mV/s for ¢(Mn2+)
= 10 g/l and scan rate 20 mV/s for ¢(Mn?*) = 5 g/I. In all these voltammetry
measurements, it was observed that all the deposited manganese dioxide was
reduced during the cathodic scan. The reduction in charge consumption during
the cathodic scan for the highest Mn?* concentrations compared to the anodic
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charge, may be due to higher quantities of Mn?* oxidized at the electrode surface,
while the rate of the chemical reaction did not increase linearly with the amounts
of Mn3* at the electrode surface. It was assumed that oxygen evolution on the
electrode could be neglected, but small amounts of oxygen evolved besides the
deposition of MnO» may have contributed to the high ratio of Qg/Qe.

The effect of acid concentration

To study the effect of varying acid concentration on the deposition and reduction
of MnO,, the sulphuric acid concentration was varied as follows; 0.5, 1, 2, 4 and
6 M. The Mn2t+ concentration was 10 g/l and the temperature was 35°C. No
mechanical stirring was applied in these experiments. The oxidation peak shifted
to higher potentials (4200 mV) when the acid concentration was increased from
0.5 to 6M ( figure 5.14). This observation supports earlier studies for production
of MO, which state that low acid concentrations catalyze the MnO+ deposition
[37, 38, 41].
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Figure 5.14: Cyclic voltammetry on a Pt electrode in Hy S04 (0.5-6 M), c(Mn?*)
= 10 g/l, at scan rate I mV/s and T= 35 C.
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The oxidation peak current density was found to vary with the acid concentration,
which is contrary to what was found by Rodrigues et al. [53]. They found that
the oxidation peak current density was independent of the acid concentration.
Petitpierre et al. [47] observed that the oxidation peak became sharper when
the acid concentration decreased from 88 wt% to 10 wt%, and the intensity
of the oxidation peak current density increased. The oxidation peaks for acid
concentrations 2 and 4M were the sharpest, while it was round for the lowest
concentrations (0.5 and 1IM) and the highest concentration (6M). The round
form for the oxidation peak of the lowest acid concentrations, may be due to no
formation of an insulating intermediate (MnOOH), instead the Mn3* ions may
have disproportionated into Mn?* and Mn** (equation 2.7) and formed MnOs,
which is a semiconductor. For the highest acid concentration (6M), it is believed
that the Mn3t ion was stabilized so that less amounts of MnOOH were formed,
giving no sharp reduction in the current density, or that a change in the deposition
mechanism occurred.

The reduction of deposited MnO, was observed to be very dependent on the acid
concentration in the electrolyte. The reduction potential for the first reduction
peak was shifted to more cathodic potential by 170 mV when the acid concentra-
tion was lowered from 6 M to 0.5 M (figure 5.14). This shift may oceur because of
lower mass transfer of protons to the interior of the MnQO+ deposit at low acidity.
It was also observed that the peak current density for the first reduction peak
increased with decreasing acid concentration, as observed by Petitpierre et al.
[47], which indicates that larger quantities of MnO, were formed when the acid
strength was reduced.

For acid concentrations 4 and 6 M, the first reduction peak was not sharp as
observed for the lower acid concentrations, but rounded. This change may occur
because of less deposited MnQ, present on the electrode surface, so the electrode
was only partly covered by an insulating MnOOH layer during the first reduction
step. The reduction peak for 6 M acid was hardly visible, which may be explained
by very small amounts of MnO; present on the electrode. Petitpierre et al.
(47} suggested that the first reduction peak occurred due to reduction of Mn3+
to Mn?* near the electrode surface according to equation 3.36. It has been
established that Mn3* is stable in solutions with high acid strength [51], and
that sulphuric acid concentration of 6M was the most favourable for stabilizing
the Mn®* jon [68]. If Mn®* is reduced during the first reduction peak, the peak
current density should increase with increasing acid strength because of higher
concentrations of Mn3* present near the electrode surface. This was not observed
in the present work.
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For the lowest acid concentrations, it was observed that not all the deposited
manganese dioxide had been reduced at the end of the scan, because some black
deposit was still present on the electrode surface. Also the third reduction peak
was shifted to more cathodic potentials for the lowest acid concentrations, which
may have been due to low reaction rate for the chemical reactions producing
Mn3t ions. These results show that the acid strength has a pronounced effect
on the deposition and reduction process of MnOz, both in the chemical and the
electrochemical reductions steps.

The effect of temperature and stirring

The voltammograms analysed earlier in this section, were carried out in 2M
H,S0, and at varying Mn?t concentration in electrolyte with no stirring. The
voltammograms presented in figure 5.15 show the effects of temperature and
stirring.
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Figure 5.15: Cyclic voltammetry on a Pt electrode in 2M Hp S0y, e(Mn®t) = 10
g/, scan rate 1 mV/s, 1 and 2 ; T = 21°C and no stirring, 3; T = 21° C with
stirring, 4; T = 35°C and no stirring, 5; T = 35° C with stirring.
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Scans 1 and 2 show that the system was quite reproducible, and that the electrode
surface returned to the initial condition after the reduction of manganese dioxide.
When the temperature was increased from 21 to 35°C, the oxidation potential
was decreased by ~50 mV, but the change in the anodic peak current demsity
was very small (0.5 mA /em?).

From the scans 1, 2 and 4 it was observed that an increase in temperature had
an effect on the quantities of deposited MnO;, on the anode surface, but no effect
on the reduction potential for the first reduction peak. At 35°C more manganese
dioxide was deposited compared to 21°C, because a higher value for the peak
current density was observed for the first reduction peak, and higher quantities
of cathodic charge were consumed to reduce the deposited MnO»2, When stirring
was introduced to the system, the oxidation peak increased about 3 times at 21°C
and 4 times at 35°C. This observation tells us that the combination of increased
temperature and stirring, enhanced the oxidation rate of Mn®* to Mn3*. There
was not observed any reduction peak for scan 3, becanse no MnO, may have been
deposited on the electrode surface due to the high stirring rate. Scan 5 shows a
reduction peak, but this one was much smaller than observed for scans 1, 2 and
4, because only small amounts of MnOs were deposited on the electrode surface.

The reverse scan crossed the forward scan for curves 3 and 5. This phenomenon
was not observed in curves 1, 2 and 4. The cross-over phenomenon may be due
to nucleation overpotential in the forward scan (as described in section 3.3.4),
caused by the high stirring rate in the electrolyte.

The conclusion of this experiment is that high temperature and stirring enhance
the oxidation of Mn?" to Mn®*¥, because of higher mass transfer of Mn?* to
the electrode surface. High stirring rate also inhibits deposition of manganese
dioxide on the electrode surface at low temperatures (21°C), but at 35°C small
quantities of deposit occurred on the electrode surface even when the stirring
rate was very high. It is suggested that the oxidation of Mn?t to Mn?®t is dif-
fusion controlled, because of higher intensity of the oxidation peak when stirring
was introduced. Since the reduction potential for the first reduction peak was
independent of temperature and stirring, and thereby independent of the mass
transfer of protons to the interface deposit/electrolyte, it is suggested that the
reduction of the deposited MnOa occurs in the interior of the deposit, and not at
the interface deposit/electrolyte, as suggested by Lee et al. [55).
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5.2.2 Ti/IrO; - Ta,Os as working electrode

In section 5.2.1 we have seen cyclic voltammograms on platinum as working
electrode in sulphuric acid as a function of varying Mn?* concentration, scan
rate, acid concentration, temperature and stirring. In the following experiments
presented in this section, the scan rates were low, and steady state current was

assumed. The mechanisms for deposition and reduction of manganese dioxide
are already suggested in section 5.2.1.
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Figure 5.16: Cyclic voltammetry on a Ti/IrOq - Tog Os electrode in 2M Hy 504
containing ¢c(Mn?*) =10 g/l at T = 35 C and varying scan rate 10-100 mV/s.
Scan interval: -350 mV — 950 mV — -350 mV.

Figure 5.16 presents a cyclic voltammogram on a Ti/IrOs - Tap Oy electrode in
2M HySOy4 containing e(Mn**) =10g/lat T =35°C and varying scan rates (10-
100 mV/s). An oxidation peak was observed only at 10 mV /s. Voltammograms
presented in figure 5.11 also showed only one oxidation peak on the Pt electrode
at scan rate 10 mV/s. At higher scan rates the oxidation peak disappeared into
the oxygen evolution at 950 mV, because Ti/IrOz - Tag Qs has lower overvoltage
for oxygen evolution compared to Pt. Only one cathodic peak was observed for
these scan rates, and the reduction potential was nearly independent of the scan
rate, as observed on the Pt electrodes. The broad oxidation and reduction bands
a2t 200 mV are due to oxidation and reduction of iridium dioxide, as observed by
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Figure 5.19: Cyclic voltammetry on various coatings in 2M HpS0s, c(Mn*t) =
10 g/l, T = 35°C and scan rate 1 mV/s. a; IrOq - TayOs. b; IrTaMnO,5. ¢;
IrTaMn0,50. d; IrTaMnO,75. e; IrMnO,.

During the cathodic scan, no large differences were observed in the reduction
potential for the first reduction peak. This observation supports the suggestion
that reduction of MnO, is dependent on diffusion of protons to the interior of
the deposit, and not on the electronic properties of the electrode material. Lee
et al. [55] also observed in their studies of reduction of MnO, on different elec-
trode materials (Glassy Carbon, Pt and Au), that the first reduction peak was
independent of the electrode material.

Figure 5.19 presents cyclic voltammograms recorded on coatings of IrOy - Tas O
where some of the TayO5 was replaced by MnO, (5-100 mol%) as described in
table 4.2 in section 4.2. The cyclic voltammogram for IrQs - Tas Qs is included
for comparison with the coatings containing manganese oxide. The oxidation
peak for IrOs - TayOs and coating IrTaMnO,5 consisted of two peaks, leading
to a broad oxidation peak. For the other coatings containing more MnOQ, (50-
100 mol%), a sharp oxidation peak was observed as with Pt, which indicates
passivation of the electrode surface. The oxidation potential was 30 mV lower for
coatings containing large quantities of MnO,. The difference is not very large and
it might be due to small differences in electronic properties between the various
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coatings.

The first reduction peak was independent of the composition of the coatings and
occurred at the same reduction potential (740 mV vs. MSE). Table 5.1 presents
the reduction interval (start of the cathodic scan at i = 0 to the end i = 0 after
the cathodic peaks) and the reduction charge in the same interval for the various
coatings studied in figures 5.18 and 5.19.

Table 5.1: Reduction intervals and consumed charge during the reduction interval
for reduction of MnQs deposited, during the anodic scan in 2M Hp S04 containing
c(Mn?t)=10 g/l at T=35"C and scan rate 1 mV/s for various coatings on Ti.

| Coating [ Reduction interval [mV] | Reduction charge [mC] |
IrOs - TasOs | ~770-495 | AU = 275 581.6
IrOstop ~T70-480 | AU = 290 551.8
1rOq ~T70-450 | AU = 320 380.4
IrTaMnQ,5 ~T770-550 | AU = 220 332.7
IrTaMnQ. 50 | ~780-610 | AU = 170 98.08
IrTaMnQ,75 | ~780-630 | AU = 150 107.7
IrMnO,, ~780-640 | AU = 140 111.3

After the first reduction peak it was observed that coatings with large quantities
of MnO,, needed more narrow potential ranges in the cathodic scan, before all the
manganese dioxide deposit was reduced. The difference in the reduction potential
interval between standard IrOg - TapOs and the coating where all the TapOs
was replaced by MnO;, was 160 mV. The reason for the more narrow reduction
interval, may be that smaller quantities of MnO; had deposited on the modified
coatings. Table 5.1 shows that the reduction charge decreased from 591.6 mC
for IrQg - TagOs, to 98.08 mC for the coating with 50 mol% MnO.. From figure
5.19 it can be observed that the oxidation current density increased abruptly at
~900 mV, caused by the start of oxygen evolution for coatings containing MnQO,.
The oxygen evolution may have detached some of the deposited MaOj or Mn®**
ions from the electrode surface, giving less deposited MnO2 to be reduced in the
cathodic scan.

In figures 5.18 and 5.19 a small "shoulder” was observed before the main oxidation
peak on IrOs - TapOs and IrTaMnO,5 coatings, indicating that the electron
transfer occurred in two steps. A scan rate of 5 mV /s was used to separate the
two oxidation peaks. Figure 5.20 shows two oxidation peaks on coating with
pure IrQy. On the other voltammograms, a shoulder was seen before the main
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Figure 5.20: Cyclic voltammetry on various coatings in 8M Hy50,, c(Mn?*) =
10 g/, T = 35 °C and scan rate 5§ mV/s. a; IrOq - Tap Os5. b; IrOy. ¢; IrOatop.

oxidation peak. No large differences were observed in the cathodic area, except
that the electrode surface was not regenerated until the potential reached 0 mV,
compared to 500 mV at scan rate 1 mV/s. These results correspond to the results
obtained on the Pt electrode in section 5.2.1, and show that the diffusion steps
and the chemical dissolution reactions are controlling the reduction process of

MHOQ.
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Deposition and reduction of MnO; during cyclic voltammetry

Figure 5.21 shows cyclic voltammograms on four Ti/IrOs - TagOs electrodes. The
voltammograms show that there were no large differences between the electrodes
used, indicating that the electrode surfaces could be assumed to be approximately
identical. To visualize the deposition and reduction of MnOj on the Ti/IrO; -
TayOs electrode surface, the cyclic voltammetry scan was interrupted in four
positions; the oxidation peak (850 mV), just before the oxygen evolution (950
mV), after the first reduction peak (700 mV), and after the "tail” (400 mV) in
the cathodic scan when a current plateau was reached, as shown in figure 5.22.
After the scan was interrupted, the electrode was taken out of the electrolyte and
washed with distilled water and dried in air. The surfaces of the dry electrodes
were studied by SEM with element analysis.
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Figure 5.21: Cyclic voltammetry on a Ti/IrOy - TagOs electrode in 2M Hy 50y,
o(Mn?t) = 10 g/, T = 85 C and scan rate 1 mV/s.

SEM images of the electrode surface during cyclic voltammetry scans are shown
in figures 5.23-5.26. The bright particles consisted mainly of IrO5, and the dark
phase was rich in TapOs. Earlier in this project, it was believed that manganese
dioxide deposited only on TagOs-rich areas, but element analysis of the surface
when the scan was interrupted at the oxidation peak, showed the presence of
manganese and oxygen over the entire surface (figure 5.23). It is difficult to see
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Figure 5.22: Cyclic and linear voltammetry on ¢ Ti/IrO; - Tap Os electrode in 2M
804, ¢(Mn®T) = 10 g/, T = 35 °C, scan rate 1 mV/s. A; Scan interrupted
at anodic peak (interval 250-850 mV). B; Scan interrupted at 950 mV before
the ozygen evolution started (interval 250-950 mV). C; Scan interrupted ofter
the first reduction peak (intervel 250-950-700 mV). D; Scan interrupted ofter the
"tail” (interval 250-950-400 mV).

from the SEM image that manganese oxide species covered the entire surface,
but it can be noticed that the IrQs particles look larger than on a clean Ti/IrO,
- TayOs electrode (figure 1.3 in section 1.1.1}. When the scan was interrupted at
950 mV (figure 5.24), it was observed that the size of the IrOy-particles looked
bigger, and no large cracks were observed.

The surface of the deposit after the first reduction peak, is presented in figure
3.25. The electrode surface was completely covered by manganese oxide, and
the apparent size of the IrOp-particles had increased even more. A large amount
of cracks was observed at this time. The cracks may have occurred because of
stresses when the deposit thickness increased. The surface of the deposit did not
seem to be more porous, as Lee et. al [55] had observed. They may have used
higher magnification than in the present work.
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Figure 5.23: Interval 250-850 mV. Figure 5.24: Interval 250-950 mV.
Interruption ot the ozidation peak. Interruption before full ozygen evo-
2000X. lution. 2000X.

Figure 5.25: Interval 250-950-700 Figure 5.26: Interval 250-950-400
mV. Interruption after first reduc- mV. Interruption after the ”tail”.
tion peak. 2000X. 2000X.
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From these results it seems that the first reduction peak is caused by reduction of
manganese dioxide in the interior of the MnO; deposit, because no large changes
were observed on the deposit surface. After the reduction "tail” (figure 5.26),
where a current density plateau was observed, the electrode surface was regener-
ated and all the deposited manganese dioxide was reduced. The element analysis
did not show any prints of manganese oxides on the surface after ~0 current
density was obtained. This experiment shows that deposited manganese dioxide
may be reduced electrochemically.

Reduction of deposited manganese dioxide

This experiment was performed to see if the reduction curve changed when dif-
ferent quantities of deposited manganese dioxide were to be reduced electrochem-
ically. One Ti/IrOy - TagOs electrode was used in these experiments. The elec-
trode was polarized anodically at 850 mV (oxidation peak potential for MnOj)
for different time intervals (1-15 minutes). No oxygen evolution was observed on
the electrode surface. The sequence of the experiments was random. After the
polarization at 850 mV, the deposited manganese dioxide was reduced by linear
voltammetry from 850 mV to 0 mV vs. MSE at scan rate 1 mV/s.

Figure 5.27 shows the linear voltammograms for reduction of deposited MnOs.
The initial current density got lower and lower when the polarization time in-
creased. The reduction in the initial current density may have appeared because
the deposition of MnOg occurs at the interface deposit/electrolyte as described
by Jorgensen [43]. Increasing polarization time gives a thicker layer of deposit,
which leads to higher ochmic resistance in the deposit and thereby lower current
density.

The peak potential for the first reduction step increased by 20 mV when the
polarization time was increased from 1 minute to 15 minutes, which may occur
because of larger quantities of MnO, available on the electrode surface for re-
duction. The first reduction peak was very sharp as observed on the platinum
electrodes, which may indicate passivation due to MnOOH formation. A second
reduction peak was observed, which moved to more cathodic potentials when the
polarization time increased, and it took longer time before the current approached
zero, because larger amounts of deposited manganese dioxide were present on the
electrode surface. This experiment shows that if large quantities of deposit is
present on the electrode surface, the system needs longer time to reduce all the
deposited MnOs.




5.3. Linear sweep voltammetry 89

7 T T T T
ar —A
= |
2} nieg
— O J
o
E F
S 2t .
BL 4
8- _
1 A 1 1 1 ]
0 02 04 06 08 10

Potential vs. MSE [V]

Figure 5.27: Reduction of MnO; deposited on a Ti/IrOy - Tag O electrode during
different polarization times at 850 mV in 2M HpS04, e(Mn*t) = 10 g/1, T =
35° C, scan rate 1 mV/s and interval 850-0 mV. Polarization time: A; 1 minute.
B; 2.5 minutes. C; 5 minutes. D; 10 minutes. B 15 minutes.

5.3 Linear sweep voltammetry

Polarization curves on various coatings in sulphuric acid

Polarization curves were recorded in pure 2M HyS04 and in 2M H,504 containing
¢(Mn®t) = 10 g/l. The various coatings used in these experiments (Ti/IrOq -
TagOs, IrOstop, IrOs, IrTaMn0.5, IrTaMn0,50, IrTaMnO,75 and IrMnO,)
are described in table 4.2, and the experimental procedure is described in section
4.3.9. The motivation for these experiments was to study the activity (the current
density at a specific potential) of the various coatings in pure sulphuric acid and
in electrolyte containing Mn?* jons, and to compare the polarization curves (i as
a function of applied potential).

Two polarization curves were recorded on each coating in 2M HySO0y, to see if the
activity of the coatings had changed during the first experiment. The measured
current densities were expected to be steady state values, and no correction was
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applied for the ohmic drop between the capillary tip and the electrode surface.
Nyquist diagrams described in Appendix B, showed that the electrolyte resistance
between the capillary tip and the electrode surface, was 0.1 Q and independent
of the polarization potential applied to the working electrode. The electrolyte
resistance did not have any large effect on the measured values in the potential
range 0-1500 mV (see figure C.2 in Appendix C), which is of interest in the

present work.
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Figure 5.28: Polarization curve on IrOy - TogOs, IrOqtop and IrOq coating in
2M Ho80,, T = 85°C, scan rate 1 mV/s and interval 0-1.5 V vs. MSE. First

experiment.

Figures 5.28 and 5.29 show the polarization curves obtained in 2M H,S04 (first
experiment) for the coatings IrOg - TayOs, IrOgtop, IOz and IrOy - TayOs,
IrTaMnQ,5, IrTaMn0.50, 'TaMnO,75 and IrMnQO, respectively. The polariza-
tion curves for the second experiment are presented in figure C.1 in Appendix

C.

Coating IrQs - TapQs was observed to be the most active for all potentials (figure
5.28), which means that this coating exhibited the highest current density for a
given potential. The electrode with pure IrOy coating was the least active. This
may be because this coating did not cover the entire surface of the base metal. The
Ti substrate may have been partially oksidized in contact with the electrolyte,
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forming a nonconducting layer of TiOg, as described by Martelli et al. [22] and
Otogawa et al. [26].
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Figure 5.29: Polarization curves on IrQy - TayOs, IrTaMnO;5, IrTaMn0;50,
IrTaMnO. 75 and IrMnO; coatings in 2M HySO;, T' = 35°C, scan rate I mV/s
and interval 0-1.5 V vs. MSE. First experiment.

Also the IrOstop coating was observed to be less active than IrOp - Tas0Os. From
the SEM image of this coating (figure 5.3), no cracks or pores were observed, so
the formation of an insulating layer of TiOz at the interface coating/base metal
was unlikely. One might expect that this coating should show higher electro-
catalytic activity than IrOg - TayOs, because it contained higher quantities of
IrQ, crystals on the coating surface, which should give a higher surface area of
catalytic sites. As outlined in section 3.5.1, the TaeOs in the coating is not elec-
trochemically active for oxygen evolution, and it only stabilizes IrOQ chemically
during anodic polarization. The reason why the IrQqtop coating was less active
than IrQs - TagOs is difficult to explain, and it needs further investigation.

Figure 5.29 presents the polarization curves for coatings IrOz - TapOs,
IrTaMnO,5, IrTaMn0,50, IrTaMnO.75 and ItMnO; in 2M Hy504. The po-
larization curve of coating IrQy - TagOs (the same curve as in figure 5.28) was
included, to compare its electrocatalytic properties with the coatings where some
of the Ta,O5 content was replaced by MnO;. This figure shows that the coating
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with 5 mol% MnO, was the most active at low potentials. At potentials above
1.4 V vs. MSE, IrOg - TapOs was the most active coating. At potentials above
1.2 V vs. MSE, increasing quantities of MnO, (50 - 100%) in the coating, gave
less electrocatalytic coatings.

From the SEM images (figures 5.6, 5.7 and 5.8) in section 5.1, it was observed
that the coatings with high quantities of MnO, (50 - 100%), consisted of cracks,
and no agglomerates of IrOg were formed. The cracks may not have penetrated
into the base metal, because some activity was observed although it was lower
than for IrQ; - TasO5 and Ir'TaMnQ,5.

Table 5.2: Clurrent densities for the various coatings in 2M H;504 and HyS504
containing c(Mn?*t) = 10 g/l at T = 35°C at applied potential 1.1 V vs. MSE.

| Coating {11 [A/em?] [ ig [A/em®] [ ippna+ [Afem?] |
IrG; - Taz 05 0.22 (.35 0.11
TrO5top 0.15 0.25 0.09
IrO, 0.02 0.11 0.09
TaMnO,5 0.31 0.46 0.13
IrTaMnO,50 0.17 0.25 0.13
IrTaMn(O,.75 0.17 0.23 0.10
IrMnO,, 0.22 0.23 0.10

Current density values for the various coatings at applied potential 1.1 V vs. MSE
( where the oxygen evolution proceeded), are presented in Table 5.2. Higher cur-
rent densities were observed in the second experiment than in the first experiment
for all coatings. According to Comninellis and Vercesi [14], new DSA® electrodes
go through an activation period, where the activity of the electrode increases until
it reaches a maximum. The increase in the current densities may be due to this
"activation” period. The IrTaMnO,5 coating was the most active at potential
1.1 vs. MSE, exhibiting the highest current density. The pure IrO; coating was
the least active for all potentials, indicating formation of small quantities of a
passivating layer of TiOy at the interface base metal/coating, because it was ob-
served an increased activation in the second experiment. The conclusion of these
experiments is that IrOy - Ta05 and small amounts of MnO, in the coating,
give the most electrocatalytic coating.
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These experiments were only performed for short times (30 minutes). It should
be mentioned that the activity of the coatings may differ as a function of time
and current density. It is also important to remember possible variations in the
real surface area from one coating to another.

Polarization curves on oxygen-evolving coatings in sulphuric acid con-
taining Mn?* ions

Experiments with polarization curves in 2M H,S04 containing Mn®* ions, were
performed to see how much the electrocatalytic activity of the coatings was re-
duced because of deposition of MnO; on the surface. Figures 5.30 and 5.31 show
the polarization curves on the coatings IO - Tas 05, IrOstop, IrOg, IrTaMnO,5
and IrTaMnO,50, IrTaMn0,75, IrMnO,, respectively.
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Figure 5.30: Polarization curves on IrQy - ToyOs, IrOxtop and IrQy in 2M
Hy 804, c(Mn2t) = 10 g/I, T = 85°C, interval 0-1.5 V vs. MSE and scan rate 1

mV/s.

If figures 5.30 and 5.31 are compared to figures 5.28 and 5.29, it is obvious that
deposition of MnO; blocked the electrocatalytic sites on the electrode surface to
some extent. The current density at 1.5 V vs. MSE for the coatings in pure
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HaS04 was ~0,6 - 1,75 A/cm?, while it was reduced to 0.5 - 0.95 A/cm? in 2M
H,S04 containing ¢(Mn?*) = 10 g/.
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Figure 5.31: Polarization curves on IrTaMnQy50, IrTaMnO.75 and IrMnO,
coatings in 2M HoSOy, c(Mn?t) = 10 g/l, T = 35°C, potential interval 0-1.5 V
vs. MSE and scan rate 1 mV/s.

The current densities for the various coatings, when potential 1.1 V vs. MSE was
applied in 2M HySOy4 containing ¢(Mn?t) = 10 g/, are presented in table 5.2.
These current densities seemed to be independent of the coating composition,
which is opposite to the observations in 2M HyS504, where the current density
varied for the various coatings. The deposition of MnOs took place before the
oxygen evolution started, as observed in section 5.2. The MnQO, deposit may have
caused approximately similar surface conditions for further oxygen evolution and
oxidation of Mn?* to MnOg, giving nearly identical current densities.

5.4 Galvanostatic electrolysis

In this section, results of anode potential as a function of time will be presented.
The main coating tested here was IrQg - TapOs, but the behaviour of the modified
coatings in pure 2M HySO04 will also be described as a function of current density.
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The standard electrolysis parameters during the galvanostatic electrolysis tests
were as follows; 2M HS04, ¢{Mn*t) = 10 g/l, T = 35°C and i = 0.05 A/cm?
(geometric). Experiments with a lead anode alloyed with silver (Pb/Ag) and Pt
as anode material, were included to compare the electrode potential of the various

anode materials, as a function of electrolysis time in sulphuric acid containing
Mn??* ions.

5.4.1 Effect of current density on modified coatings in sulphuric
acid.

The coatings tested in this experiment were IrQy - TayOs, IrOgtop, IrO,,
IrTaMnOg5, [t1TaMnO,50, IrTaMn0,75 and ItMnO,,. The temperature was kept
constant at 35°C, and the current densities were; 0.05, 0.5 and 1 A/cm?, where
each current density was kept constant for 10 hours. The anode potential vs.
MSE in 2M Hy504 as a function of the electrolysis time for the various coatings,
is presented in figure 5.32.
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Figure 5.32: Anode potential vs. MSE on IrOy - To30s, IrOqtop, IrO,,
IrTaMnOL5, IrTaMnO,50, IrTaMnO,75 and IrMnO, as o function of electroly-
sis fimme and current density in 2M Hy SOy at T = 35°C.
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For the lowest current density there was no large increase in the anode potential.
The increase in anode potential in the first minutes of the experiments, may be
due to lower surface area caused by oxygen gas filling pores and cracks. The
difference between the lowest (IrTaMnO,5) and highest (IrO3) anode potentials
was about 75 mV for the lowest current density (i = 0.05 A/cm?) after electrolysis
for 10 hours.

When the current density was increased ten times (to 0.5 A/cm?), it was observed
a slightly larger increase in the anode potential for all coatings. For some of the
coatings (IrO; - TayOs, IrOstop, 'TaMnO,50 and IrTaMn(0,75) the increase in
anode potential had an ”s”-shape. The reason for this "s”-shape is not easily
explained, but it might occur because of slow formation of insulating oxides or a
change in the crystal structure and electron configuration of the coating compo-
nents. The increase in anode potential varied from one coating to the other, and
it occurred at different time intervals. The IrTaMnQ,5 coating had the lowest
anode potential, while the IrOztop coating had the highest value. The difference
between the lowest and highest anode potential had increased to 240 mV after
20 hours of electrolysis.

At a current density of I A/cm? there was not observed any ”s”-shaped increase
in the anode potential for none of the coatings. Also at this current density
the IrTaMnO,5 coating had the lowest anode potential. The increase in anode
potential was largest for this coating (90 mV), while it was insignificant for the
other coatings. The large increase in anode potential for the IrTaMnO ;50 coating
after 22 hours of elecirolysis occurred because of an accidental movement of the
capillary tip away from the electrode surface. The difference in anode potential
between the lowest and the highest potential was 450 mV, if the potential increase
for IrTaMnQ 50 is neglected.

After electrolysis for 30 hours, the electrodes were taken out and washed with
distilled water and dried in air. The electrodes were weighed before and after
electrolysis to see if there was any loss of coating during electrolysis at high
current densities. Table 5.3 shows the weight difference for each coating. There
were not observed any negative changes in weight during electrolysis. On the
contrary, there was a slight increase in weight. The coatings IrOs and IrMnO,
had the highest increase, 0.18 and 0.17 mg/cm? respectively. The positive change
in weight may be explained by formation of higher valency oxides on the anode
surface or formation of titanium dioxide at the interface substrate/coating.

SEM images of the electrode surface after electrolysis did not show any visible
changes, which could indicate dissolution or breakdown of the coatings. The
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Table 5.3: Difference in weight before and after 30 hours of electrolysis in 2M
Hy S04, T = 35 C and current densities; 0.05, 0.5 and 1 A Jem?.

[ Coating | "Am [mg/cm’] |
1Oy ~ TagOs +0.15
IrOztop 0
1rO9 . +0.18
IrTaMnOgb +0.1
Ir'TaMnC,50 +6.13
rTaMnO, 75 +0.15
IrMnO, +0.17

surface looked almost the same as before electrolysis. It was expected that the
coatings might break down during the highest current density, but that did not
happen. These experiments tell us that these coatings may be used at high
current densities. However, it is not known whether the coatings will survive in
long term electrolysis (months and years) at high current densities.

Potentiostatic electrolysis in sulphuric acid

In figure 5.32 it was observed that the anode potential increased in the beginning
of the electrolysis experiments in pure 2M HSO4. To study how the current
density changed during the first minutes, an electrolysis experiment with constant
applied potential (1.2 V vs. MSE) on a Ti/IrO; - TayOs anode, was conducted
in 2M HyS0, at T = 35°C. The anode area was 1 cm®,

Figure 5.33 shows the anodic current as a function of electrolysis time for 1
hour and 10 hours. The electrolysis was interrupted for 2 minutes after one
hour, and then resumed for 10 hours with the same applied potential. It was
observed from curves a and b that the anode current decreased rapidly in the
beginning and thereafter decreased only insignificantly. When the electrolysis
was restarted after the interruption, the current started at high current density
and decreased immediately as was observed for curve a. These observations
correspond to the increase in the anode potential in the beginning of galvanostatic
electrolysis independent of Mn®* ions in the electrolyte. The increase in the
anode potential, and decrease in the anode current may be due to a decrease in
the active surface area for oxygen evolution, caused by pores or cracks filled with
oxygen gas. Krysa et al. [15] also observed that the anode potential was lower
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after the interruption, but could not give any reasonable explanation for that
observation.
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Figure 5.33: Anodic current as a function of electrolysis time when o constant
potential (1.2 V vs. MSE) was applied to a Ti/IrQy - Tag Os anode in 2M HyS04
ot T = 35°C. The anode area was I cm®. a; anode current for the first hour. b;
anode current for the next 10 hours.

5.4.2 Electrolysis on Pb/Ag and Pt as anode materials

The lead anode (Pb/Ag) used in this experiment was polished, and electrolysis
was conducted in 2M HpSO4 containing c(Mn?*) = 10 g/l at T = 35°C and i =
0.05 A/em?. The anode potential vs. MSE is plotted in figure 5.34. The anode
potential was high and increased slightly during the first 10 hours of electrolysis.
After electrolysis for 10 hours, the current was switched off while the anode
remained in the electrolyte. Cyclic voltammetry was performed for 30 minutes,
and then a new period of 10 hours electrolysis was started. The anode potential
in the second electrolysis period was lower than in the first period. This decrease
might have occurred because of dissolution of some of the deposited MnOs, or
change in the surface area during the cyclic voltammetry measurements.

Forsén (7] studied lead anodes in sulphuric acid (100 g/1) containing Mn2* ions
at 35°C, and observed that MnQO. adhered poorly to the lead anode and was
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dispersed in the bulk electrolyte. In the present work, this was not observed be-
cause no forced convection was introduced. The electrolyte was red coloured, but
no visible MnQOg was suspended in the bulk electrolyte, as observed in Norzink’s
industrial cell. Only two electrolysis periods of 10 hours each were performed
because the electrode surface area changed during the electrolysis, due to the
formation of huge dendrites on the anode surface. It is suggested that the oxi-
dation of Mn2t+ occurred on the deposited MnOs, otherwise the dendrites could
not have grown that large.
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Figure 5.34: The anode potentiol vs. MSE os a function of electrolysis time for
Pb/Ag anode in 2M HyS504 containing e(Mn?t) = 10 g/lat T = 35°C and i =
0.05 A/cm?.

Figure 5.35 shows an SEM image of the cross section of the Pb/Ag anode after
electrolysis for 20 hours (2 electrolysis periods). The white area is the lead anode,
while the dark grey phase is the deposited MnOg. The bright areas in the MnQg
deposit were found to be lead components. Small quantities of the lead anodes
may have been smeared out on the deposit during the polishing before the SEM
analysis, but it is also a possibility that Pb2t ions from the corroded lead anode
diffused through the porous MnQO, deposit and into the bulk electrolyte. The
occurrence of the lead components in the deposited MnOg may have increased
its electronic properties.
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Figure 5.35: SEM image of the cross section of a Pb/Ag anode after electrolysis
for 20 hours in 2M HoSO04 containing c(Mn?t) = 10 g/l at T = 35°C and i =
0.05 A/em?. 20X.
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Figure 5.36: Anode potential for Pt as a function of electrolysis time in 2M Ha S04
containing c(Mn**) = 10 g/l at T = 35°C and i = 0.05 A/cm?.
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When Pt was used as anode during electrolysis in 2M H2S04 containing ¢(Mn?+)
=10 g/l at T = 35°C and i = 0.05 A/cm?, large quantities of suspended MnO;
were observed in the bulk electrolyte. The anode potential as a function of elec-
trolysis time is shown in figure 5.36. The increase in the anode potential was not
as expected. The pure Pt electrode should obtain a higher anode potential than
the Pt anode with deposited MnQz, according to overpotential - log(i) curves
reviewed by Trasatti [25]. The anode potential should decrease when MnO,; de-
posited during electrolysis, but the opposite effect was observed. The suspended
MnO-, particles were also observed in the capillary tip after the electrolysis. Sus-
pended MnO, particles may have increased the electrolyte resistance between the
anode surface and the capillary tip, causing an increase in the measured anode
potential.

When the Pt anode was taken out of the cell and washed in distilled water, most
of the deposited MnOy fell off the electrode surface as small, fine crystals. The
adherence of the MnQ, deposit on the Pt surface was very poor compared to the
Pb/Ag anode, and it led to huge quantities of dispersed MnOQs in the electrolyte.
The anode potential was observed to be higher for the Pt anode (1.94 V wvs.
MSE) than for the lead anode (1.30-1.35 V vs. MSE). Because of the high anode
potential on the Pt, permanganate (MnO4™) may have been formed according
to equation 3.30 in section 3.6.1. Parts of the dispersed MnO, may have been
produced by the reaction between MnQ4~ and Mn?* in the bulk as given by
equation 3.31 in section 3.6.1.

5.4.3 Ti/IrO; - Tay,05 as anode material in sulphuric acid con-
taining Mn®* ions

The periodic electrolysis was performed in the same way as for the Pb/Ag anode
described in section 5.4.2. The electrolysis was run for 10 hours in 2M HySOy
containing ¢{Mn?t) = 10 g/l at T = 35°C and i = 0.05 Afem?.  After the
electrolysis period, the Ti/IrOs - TayOs anode with MnO», deposit was used as
working electrode in cyclic voltammetry, in the same electrolyte as the electrolysis
was performed. Five electrolysis periods were conducted, separated by cyclic
voltammetry on a Ti/IrOg - TapgOs anode as the working electrode. Figure 5.37
shows the anode potential as a function of the electrolysis time. It was assumed
that changes in the Mn?* concentration in the electrolyte could be neglected,
since the current efficiency for MnO; is low in acid concentrations as high as 2M.
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Figure 5.37: The anode potential as a function of electrolysis time for periodic
electrolysis with T9/IrOy - Tap O as the anode in 2M Ho S04 containing c(Mn?t)
=10g/lat T = 35°C and i = 0.05 A/cm®. Each electrolysis period lasted for 10

hours.

After each electrolysis period, the applied current was switched off and cyclic
voltammetry was conducted in the same electrolyte at scan rate 10 mV/s. After
the voltammetry measurement, the electrolysis was started for a new 10 hour
period. When the current was applied and the oxygen evolution started, it was
observed that the deposited MnOs fell off the anode as one flake. The initial
anode potential after each cyclic voltammetry measurement was observed to be
quite low, and then it increased rapidly to higher potentials. The anode potential
at the end of each electrolysis period was higher than observed for the previous
one, which may be caused by a thicker deposit layer. It is not known if all the
deposited MnO, fell off when the oxygen evolution started after the break, or if
a thin layer was left on the electrode surface.

The electrolyte was red coloured as observed in the electrolysis experiment with
the lead anode, but no dispersed MnO; was observed in this experiment either.
After electrolysis in 2M HSOy4 containing c(Mn?t) = 10 g/l at T = 35°C for 10
hours with the Ti/IrOz - TagOs as anode material, the electrolyte was studied
by a spectrophotometer to see if the red colour was due to MnO4™ or Mn®** ions.
Figure 5.38 shows that spent electrolyte after electrolysis contained Mn3* ions
and no MnO, ™.
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Figure 5.38: The absorption spectrum of the Mnt in spent electrolyte after elec-
trolysis in 2M Ho 80, containing e(Mn?*) = 10 g/l at T = 38 Cand i = 0.05
Afem? for 10 hours, with Ti/IrOy - Tay Os as anode material [72].

5.4.4 Effect of Mn?* ions on the anode potential

In section 5.4.1 we have seen that at 0.05 A/cm? current density in pure 2M
H,SO4, there was no large changes in the anode potential. If Mn?* ions are
present in the electrolyte, deposition of manganese dioxide will occur as a parasitic
reaction to the oxygen evolution, as described in section 1.1. We have also seen
that deposition of manganese dioxide occurs at lower oxidation potentials than
oxygen evolution on both Pt and Ti/IrOz - TagOs electrodes (section 5.2). When
MnQ; is deposited on the anode surface, it covers the entire surface area and
blocks the catalytic sites (IrOg crystals), reducing the active surface area. This
will be shown later in SEM images. When MnO; is deposited on the anode
surface, the anode potential increases because the deposited MnOy is less active
(higher oxygen overvoltage) than the IrOq for oxygen evolution (see figure 3.8 in
section 3.5). The ohmic resistance through the deposit layer may increase with
the time of electrolysis due to thicker deposit.
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Figure 5.39: Anode potential for various coatings, as a function of electrolysis
time in 2M HySO4, c(Mn?¥) = 10 g/I, T = 35°C and i = 0.05 A/em?.

Figure 5.39 shows the anode potential vs. MSE for the various coatings as a
function of the electrolysis time in 2M Hy80, containing 10 g/l Mn?* at stan-
dard electrolysis parameters. The anode potential increased very much during
the first minutes, and then decreased initially for the coatings containing large
amounts of manganese oxide (50-100 mol%). After 30 minutes of electrolysis,
the anode potential started to increase again. The increase in anode potential
was approximately the same for all coatings except for the pure IrOy coating.
The low increase in electrode potential for the IrQ, coating may be explained
by some activation of the surface caused by deposition of manganese dioxide,
because the IrO; coating did not cover the entire Ti base metal. For the other
coatings, the effect of deposition of manganese dioxide is apparently independent
of the composition of the coating.

After the electrolysis, the anodes were taken out of the electrolyte while they
were polarized, and washed with distilled water, dried in air and weighed. The
weight increase for the deposition and the current efficiency for MnQO, on the
various coatings are given in Table 5.4. These results show the same as observed
in the cyclic voltammetry measurements on platinum and IrQ, /TayOs coatings,
i.e. that the oxidation of Mn®** to MnQ, is independent of the electrode material.
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Table 5.4: Amount of deposit and current efficiency for MnOz on the varicus
coatings in 2M Hp S804 containing c(Mn*t) = 10 g/l at T = 35°C and i = 0.05
A/em? after electrolysis for 25 hours.

Coating 'Am [mg/em?] [ S [%] |
0, - +3.83 0.19
0,y - TanOs +3.07 0.15
IrOqtop +2.77 0.14
IrTaMnO.5 +2.78 0.14
IrTaMnO,50 +3.13 0.15
IrTaMnO,75 +2.98 0.15
IrMnO, +3.08 0.15

The diffusion of Mn2t ions to the electrode surface is controlling the rate of
oxidation of Mn%" to MnO,, as suggested earlier in the literature [66], so the
catalytic properties of the electrode materials are insignificant. When the first
thin layer of manganese dioxide is formed/deposited on the electrode surface,
the conditions for further deposition is similar for all electrode materials, since
deposition of manganese dioxde occurs at the interface deposit/electrolyte as
described by Jorgensen [43). Very similar values for the current efficiency for the
various coatings support this theory.

The surface of the deposited MnO on the various coatings was investigated by
SEM after electrolysis. The deposited MnO2 looked similar for all the coatings, a
dried-mud structure being observed as shown in figure 1.4 in section 1.1.1. From
the SEM images taken of the electrode surface (Ti/IrOs - Taq0s) during cyclic
voltammetry of MnQs deposition (figures 5.23-5.26 in section 5.2.2) no cracks
were observed on the deposit when it was very thin, while there were numerous
cracks when the deposit thickness increased. The cracks may have been formed
during electrolysis because of stresses as the deposit grew thicker.
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5.4.5 Deposition of manganese dioxide on a Ti/IrO; - Ta,O5 an-
ode as a function of the Mn?* concentration

Electrolysis in 2M sulphuric acid containing various Mn?t concentrations (0.01-
10 g/1) was carried out to see if there existed a lower concentration limit for
manganese dioxide deposition on the IrQ; - TagO5 coating. Figure 5.40 shows the
anode potential as a function of electrolysis time for various Mn2t concentrations
(0.01, 5 and 10 g/1). The anode potential was expected to increase with increasing
Mn?* concentration, because a thicker MnO, deposit would give higher ohmic
resistance through the deposit. The lowest and highest anode potentials were
observed for ¢(Mn?*) = 0.01 g/l and ¢(Mn?*) = 10 g/] respectively, as expected.
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Figure 5.40: Anode potential on Ti/IrOy - TagOs as function electrolysis time
and Mn** concentration in 2M Hy SOy containing c(Mn*t) = 0.01, 5 and 10 g/!
at T = 385°C and i = 0.05 A/cm?.
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Scanning Electron Microscope images of deposited manganese dioxide
on a Ti/IrO; - TazOs anode

Ti/IrOg - TagOs anodes were used in electrolysis with various Mun2t concentra-
tions (0.01, 0.1, 1, 5 and 10 g/1), to study the MnO, deposit on the anode surface
as a function of the Mn?* concentration, and as a function of electrolysis time.
The electrodes were taken out of the electrolyte at definite times (1, 10, 50 and
100 hours), washed with distilled water, dried in air, and examinated by SEM.
Figures 5.41 - 5.60 show SEM images for the various Mn2* concentrations and
times of electrolysis. All the images were taken in secondary electron modus
(SE) in the Scanning Electron Microscope instrument. The deposit layer was not
investigated with element analysis, but the SEM images were compared with a
new electrode, which had not been used in electrolysis.

Figure 5.41: T%/IrQy - TapOs used Figure 5.42: Ti/IrOq - Tay 05 used
in electrolyte with c¢(Mn®t) = 0.01 in electrolyte with c(Mn?*) = 0.01
g/l for I hour. 1000X. g/! for 10 hours. 2000X.

After 1 hour of electrolysis with 0.01 g/1 Mn?*, no visible quantities of deposited
MnO, wexe observed on the anode surface, as shown in figure 5.41. After ten
hours of electrolysis (figure 5.42) it can be seen that the IrOz particles had grown
bigger and were more diffuse because of nucleation of MnQO,. There were not
observed any cracks in the deposit because it was very thin. Figure 5.43 presents
the anode surface after electrolysis for 50 hours, and it can be observed that more
MnOs, had deposited, but still no cracks were observed. However, after electrolysis
for 100 hours, small cracks were observed in the deposit on the Tay0s-tich areas.
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From these images it is clear that even as low concentration as 0.01 g/1 of Mn?*,
leads to deposition of manganese dioxide during anodic polarization. Tanskanen
et al. [69] studied the MnO, deposition on DSA® electrodes in sea water with
10 ppm Mn?t and observed deposition of MnO,.

Figure 5.43: Ti/IrOs - Toy Os used Figure 5.44: Ti/IrOs - TasOs used
in electrolyte with ¢(Mn?t) = 0.01 in electrolyte with c(Mn*t) = 0.01
g/l for 50 hours. 2000X. g/l for 100 hours. 2000X.

When the Mn®" concentration was increased ten times to 0.1 g/l, very small
amounts of manganese dioxide were observed on the anode surface after elec-
trolysis for 1 hour, as can be seen from figure 5.45, and no cracks were observed.
After electrolysis for 10 hours most of the electrode surface was covered by MnO,
(figure 5.48). Only a few cracks were observed in the deposit. Figure 5.47 shows
that the entire anode surface was covered by MnQs with large cracks. The con-
tours of IrO, particles were visible under the deposit. After electrolysis for 100
hours (figure 5.48) the deposit had grown thicker and the cracks were dividing
the deposit in grains of about 10 um size.
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Figure 5.45: T%i/IrOq - Tay Os used Figure 5.46: Ti/IrOy - TapOs used
in electrolyte with c(Mn?*) = 0.1 in electrolyte with ¢(Mn®t) = 0.1
g/l for 1 hour. 2000X. g/l for 10 hours. 2000X.

Figure 5.47: Ti/IrOy - TapOs used Figure 5.48: Ti/IrOy - Tap O used
in electrolyte with c(Mn*t) = 0.1 in electrolyte with c(Mn**} = 0.1
g/l for 80 hours. 1000X. g/l for 100 hours. 1000X.

When the Mn?"T concentration was increased to 1 g/l, the MnO; deposit had
covered the entire anode surface after 1 hour of electrolysis, and the deposit
contained some cracks (figure 5.49). After electrolysis for 10 hours the deposit
was observed to break up on the TapOs-rich phase, as presented in figure 5.50.
The entire anode area was covered by manganese dioxide after 50 hours (figure
5.51) and the deposit consisted of many small grains which had grown together,
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After electrolysis for 100 hours the manganese dioxide deposit had grown thicker

(figure 5.52). The bright areas observed on the surface of the deposit, were caused
by the topography of the deposit.

Figure 5.49: Ti/IrOy - ToaOs used
in electrolyte with e(Mn®**) = 1 g/!
for 1 hour. 2000X.

Erads W 5 », ‘L

Figure 5.51: Ti/IrQy - Tay Qs used
in electrolyte with c(Mn®*) = 1 g/l
for 50 hours. 500X.

Figure 5.50: Ti/IrOp - Tap Os used
in electrolyte with c(Mn*t) = 1 g/I
for 10 hours. 2000X.

=

Figure 5.52: T%/IrOs - Tag Qs used
in electrolyte with c¢(Mn?®¥) = 1 g/l
for 100 hours. 100X.
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Figure 5.53: Ti/IrOy - TopO5 used Figure 5.54: Ti/IrOp - TapOs used
in electrolyte with c(Mn®t) = 5 g/l in electrolyte with c(Mn?%) = § g/l
for 1 hour. 1000X. for 10 hours. 1000X.

e

Figure 5.55: Ti/IrO - TapOs used Figure 5.56: Ti/IrOy - Taa Os used
in electrolyte with c{Mn**t) = 5 g/l in electrolyte with c(Mn**) =5 g/l
for 60 hours. 200X. for 100 hours. 100X.

Increasing M2t concentration raised the rate of deposition of MnQ-y on the
anode surface, and the electrode surface was covered faster when the Mn?* con-
centration in the electrolyte was increased. Figure 5.53 shows that the electrode
surface was completely covered by MnQOg deposit already after 1 hour of electrol-
ysis. If the SEM image in figure 5.53 is compared to figure 5.47, the two images
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are nearly identical. This comparison may indicate that if the Mn?* concentra-
tion is 0.1 g/, it will take about 50 hours to reach the same deposit thickness as
the concentration 5 g/l uses 1 hour to reach. Figures 5.54 - 5.56 shows that the
appearance of the deposit did not change much from 10 to 100 hours. The only
difference was the size of the grains divided by the cracks. It can be observed that
the grain size increased when the deposit layer grew thicker. The main reason
for this observation may be that big grains are growing by "consuming” smaller
grains.

For the Mn?* concentration 10 g/1, the SEM images (figures 5.57 - 5.60) were
very similar to those for 5 g/l. After 1 hour of electrolysis the entire surface
was covered by MnO, deposit, but still the contours of IrQg particle groups were
visible through the deposit. Also from these SEM images it can be observed that
the grain size increased from about 20 pm after 10 hours to 200-400 pm after 100
hours of electrolysis. Some of the deposit fell off the anode while drying in air, as
can be seen from the bright areas in figure 5.60. AUGER analysis of 1 pm (from
the deposit surface) of the deposit after 100 hours of electrolysis, showed that no
components of the coating were present in the deposit.

2 B AR 2 =
Figure 5.57: Ti/IrOy - TagOs used Figure 5.58: Ti/IrQs - Tag O used
in electrolyte with c(Mn®t) = 10 g/l in electrolyte with c(Mn?*) = 10 g/1

for I hour. 1000X. for 10 hours. 500X.
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Figure 5.59: Ti/IrQp - TayOs used Figure 5.60: Ti/IrOy - Top0s ysed
in electrolyte with ¢(Mn**) = 10 g/1 in electrolyte with c(Mn** ) = 10 g/l
for 50 hours. 200X. for 100 hours. 50X.

5.4.6 Deposition of MnQO, on a rotating cylinder electrode as a
function of the rotation velocity

Rodrigues and Dry [48] observed that deposition of MnOg on the anode could be
avoided by agitating the electrolyte. In that way the Mn®*t jons were removed
from the anode surface and into the bulk electrolyte, and the deposition of MnQO»
occurred in the electrolyte instead of on the anode surface. Electrolysis on rotat-
ing cylinder electrodes with IrO; - TapOs coating (figure 4.2 in section 4.1} were
conducted in 2M H,S0, containing ¢(Mn?*) = 10 g/l at T = 35°C and current
density 0.05 A/cm?, as described in section 4.3.4.

The scope of these experiments was to see if the rotation velocity had any effect
on the deposition of MnOz on the anode surface. The peripheral rotation velocity
was varied from 0 to 3.0 m/s. The anode potential could not be measured because
of too much noise and disturbance. It was observed that no MnOg was deposited
in the bulk electrolyte during electrolysis, and the electrolyte was red coloured
due to Mn®t ioms.

When the applied current was switched off before the electrodes were taken out
of the electrolyte, the deposited MnO; fell off the anode surface. The anodes
were therefore taken out of the electrolyte while they were anodically polarized,
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to avoid loss of the deposit. After electrolysis the electrodes were washed in
distilled water, cast in epoxy and polished. Figures 5.61 - 5.64 show the SEM
images of the cross section of the anodes after electrolysis for 10 hours with
varying rates of rotation.

Figure 5.61: Cross section of a Figure 5.62: Cross section of a

cylinder electrode with IrOy - Tay O
coating after electrolysis in 2M
Hy804 containing c(Mn?*) = 10 g/!
at T = 35°C and i = 0.05 A/em?,
for 10 hours with no rotation. SE

eylinder electrode with IrOy - Tay Os
coating aofter electrolysis in 2M
Hy 804 containing c(Mn2t) = 10 g/1
at T = 35°C and i = 0.05 A/cm?,
for 10 hours with rotation velocity

500X. 50 rpm = 0.052 m/s. SE 500X.

The cross section of the cylinder electrode after galvanostatic electrolysis for 10
hours in 2M HpS04 containing ¢(Mn?*) = 10 g/1 with no rotation of the anode, is
presented in figure 5.61. The bright grey phase (to the left) was the Ti substrate,
the white phase was the IrO; - TapOs coating, while the dark grey phase to
the right of the IrQ; - TagOy coating, was MnOy deposit. The thickness of the
coating was about 10-20 um and it contained a few cracks, but none of them
penetrated into the base metal. The deposited MnO» (10 pm) was full of cracks,
and it was released from parts of the electrode surface. The detachment of the
MnQO, may have happened during the polishing procedure. No particles of the
IrOz - TagOs coating were observed in the MnO, deposit.

‘The SEM image of the cross section of the rotating electrode used in electrolysis
with rotation velocity 50 rpm (0.052 m/s), is shown in figure 5.62. This SEM
image was very similar to the cross section of the electrode with no rotation, and
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the thickness of the deposited MnQ, was about 10-20 pm thick.

Figure 5.64: Cross section of a

Figure 5.63: Cross section of a

cylinder electrode with IrOq - Tap Os
coating after electrolysis in ZM
Hy804 containing e(Mn*t) = 10 g/1
at T = 35°C and i = 0.05 A/em?,

cylinder electrode with IrOy - Tag Os
coating after electrolysis in 2M
Hy804 containing c(Mn?t) = 10 g/l
ot T = 35°C and i = 0.05 Afem?,

for 10 hours with rotation wvelocity
3000 rpm = 3.1 m/s. SE 500X.

for 10 hours with rotation velocity
300 rpm = 0.8 m/s. SE 1000X.

When the rotation rate was increased to 300 rpm (0.3 m/s), the deposited MnO.
was observed to be very compact and it adhered very well to the electrode surface
(Rgure 5.63). The thickness of the MnO, deposit did not differ very much from
those with lower rotation velocity, and it was observed to be 10-20 pm.

Cross section of the electrode used in the experiment with rotation velocity 3000
rpmn (3 m/s) is presented in figures 5.64 and 5.65. The deposited MnO; was
observed to be up to 20 pm thick, and small particles of the catalytic coating
(IrO9-Ta90s) were observed as inclusions in the MnO; deposit. These particles
may have been detached because of the high rotation speed or during polishing,
Figure 5.65 shows another part of the cylinder electrode where the electrocatalytic
coating was thicker than 20 pm and contained pores and cracks. The thickness
of the deposited MnO; was found to be less than 10 pm, and MnO; deposit was
observed inside the cracks and pores.
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Figures 5.66 - 5.68 show element analyses of the various phases in the cross section
of the electrode in figure 5.64.

Figure 5.65: Cross section of a cylinder electrode with IrOy - Tay Os coating after
electrolysis in 2M Hy S04 containing c(Mn®t) = 10 g/l at T = 35°C and i = 0.05
A/em?, for 10 hours with rotation velocity 3000 rom = 8.1 m/s. SE 500X.

Figure 5.66: Element analysis of the area A in figure 5.64.
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Figure 5.67: Element analysis of the area B in figure 5.64.
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Figure 5.68: Element analysis of the area C in figure 5.64.

From the results presented above it can be concluded that deposition of MnO,
cannot be avoided on the IrQ, - TayOy coating, even at very high rotation veloci-
ties (3 m/s), and the thickness of the MnO; deposit seemed to be independent of
the rotation velocity of the electrode. The MnQ, deposit was observed to fall off
the electrode surface when the current was switched off, and remained attracted
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to the coating when the anode was polarized. The attraction between the MnO,
deposit and the anodically polarized coating may have been coulombic.

5.5 Current efficiency for manganese dioxide deposi-
tion

As mentioned earlier in section 1.1, deposition of manganese dioxde occurs as a
parasitic reaction to the oxygen evolution on the anode. In the following experi-
ments, the current efficiency as a function of electrolysis time will be discussed.
The electrolysis was run in 2M HpSO4 with ¢(Mn?**) = 10 g/l at T = 35°C and i =
0.05 A/cm?. The anode material used was Ti/IrOg - TayOs, and the electrolysis
time was varied from 2 to 96 hours.
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Figure 5.69: Deposition of manganese diozide on a Ti/IrOy - TayOs electrode,
s a function of electrolysis time in 2M Ha SOy, efMn?t) = 10 g/l at T = 35°C
and i = 0.05 A/em?. The anode area was 6 cm?.

Figure 5.69 presents the quantity of deposit as a function of electrolysis time. As
can be seen from the figure, deposition of manganese dioxide increased approxi-
mately linearly with electrolysis time for the first 20-30 hours, and thereafter the
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rate of deposition varied non-linearly with electrolysis time. After 80 hours of
electrolysis, an apparent limiting value was reached.
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Figure 5.70: Current efficiency for deposition of MnOz on a i/IrOy - Tap Os
electrode, as o function of electrolysis time in 2M Ha504, e(Mn2t) = 10 g/l ot
T = 35°C and i = 0.05 A/em?.

It was observed that the current efficiency of MnO; deposition decreased with
increasing electrolysis time (figure 5.70). This decrease supports the observation
that deposition of manganese dioxide was not proportional to the electrolysis
time.

Forsén [7] also observed that the current efficiency for the deposition of MnO; was
highest for new lead anodes in the beginning of the electrolysis. The deposition
of MnO4 may have slowed down further oxidation of Mn?*, which led to decrease
in the current efficiency.



120 Chapter 5. Results and discussion

5.6 Dissolution of deposited manganese dioxide

As observed earlier in this chapter (section 5.4}, it is impossible to prevent depo-
sition of MnO, on the anode during anodic polarization, if Mn?* ions are present
in the electrolyte. The amount of deposit was reduced when the Mn?* concen-
tration was reduced, but after some time the entire electrode surface was covered
by MnO; deposit, which blocked the electroactive sites for oxygen evolution. We
have also seen from cyclic voltammetry in section 5.2, that MnQ, deposited on
the anode, may be completely reduced during the cathodic scan (800-0 mV). In
addition to electrochemical reduction, deposited MnO, may be reduced by Hy0s,
as described in section 3.6.2.

5.6.1 Electrochemical dissolution by pulse

From the cyclic voltammograms in section 5.2 it was observed that at poten-
tial 0.4 V vs. MSE, deposited MnO; was completely reduced. The ”cathodic”
potentials used in these experiments, were cathodic relative to the oxidation po-
tential for Mn?* (850 mV vs. MSE). The electrochemical reduction was achieved
by cathodic pulses at various frequencies and reduction potentials. The current
at the working electrode was difficult to measure during the pulse experiments.
The experiments were performed as described in section 4.3.5, and the results
for changes in weight after pulsing for 100 hours are given in table 5.5, where E,,
was the anodic potential applied, E, was the cathodic potential, t, was the time
interval for the anodic pulse, and t. was the time interval for the cathodic pulse.

Table 5.5: Ezperiments with potentiol pulse to reduce deposited MnOs on o
Ti/IrQy - TazO5 anode. E, was the anodic potential applied, E, was the ca-
thodic potential, t, was the time interval for the anodic pulse, and t. was the time
wnterval for the cathodic pulse.

| Pulse experiment | E, [V] | E; [V] 44 [s] | ¢ [s] | Am [mg/em?] |
Pulsel 11 0.2 1 0.1 4+ 0.0071
Pulse2 1.2 0.2 0.1 | 0.01 -34
Pulse3 1.2 6.3 0.1 | 0.01 0

It was expected that cathodic pulses should reduce the deposited MnQOy on the
anode surface. From the Pulsel experiment a slight weight increase was observed.
The amount of deposit was observed to be 35 % less than MnO, deposited during
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galvanostatic electrolysis at the same conditions. The electrode surface was grey,
which indicated that there was MnOs deposit present. From the SEM image
of the electrode surface after 100 hours of pulsing shown in figure 5.71, a thick
smooth layer of MnO; was observed.

Figure 5.71: SEM image of the surface of the MnOy deposited on a Ti/IrOy -
Tas Os anode after pulsing (Pulsel) in M HySOy, o(Mn®¥} = 10 g/l, T = 35°C
for 100 hours. The pulse experiment was performed as described in table 5.5.

Since MnOy deposit was observed in the Pulsel experiment, it was decided to
decrease the anodic and cathodic intervals in the Pulse2 experiment. During
Pulse2 a reduction in weight of 34 mg/cm? was observed. The electrode surface
was similar as the one in Pulsel after pulsing for 100 hours. The same was
observed for Pulse3 where no mass difference was measured. These observations
may indicate that the coating, or the Ti substrate might not be stable during
cathodic pulsing for long times. Some MnO; deposit might have been reduced
during the cathodic pulses, but it was not completely reduced. The conclusion
of these experiments is that pulsing the Ti/IrO; - TagOs electrode with cathodic
potential pulses, does not prevent deposition of MnO; on the electrode surface,
however it may dissolve the catalytic coating or the base metal.
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5.6.2 Chemical dissolution

In section 3.6.2 it was described that deposited MnQy may be reduced by HyO,.
It was believed that if HyOp was added to the electrolyte during electrolysis,
deposited MnO, on the anode surface might dissolve according to equation 3.43
in section 3.6.2. It was tried to dissolve electrolytically deposited MnOj in boiling
2M H2S804 at 100°C, but the black deposit was not reduced. When 10 ml of 30
wi% Ho Oy was added to the electrolyte at 75°C, the black deposit dissolved
immediately and gas evolution was observed on the electrode surface.
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Figure 5.72: Anode potential for a Ti/IrOy - Top Os electrode during electrolysis
in ZM Hy S04, c(Mn*t) = 10 g/l at T = 35°C and i = 0.05 A/cm?, when various
quantities of HyOy (0.9, 1.19, 1.79 and 8.57 g/h} was added continuously to the
electrolyte. The addition of HyOq were about 8-9 ml/hour and convection was
induced by bubbling air through the electrolyte.

Figure 5.72 presents the anode potential on a Ti/IrO; - Taz 05 electrode anode
during electrolysis in 2M H2SO4 containing ¢(Mn?*) = 10 g/l at T = 35°C and i
= 0.05 A/cm?, when various quantities of H,04 (0.9-3.57 g/h) were added contin-
uously to the electrolyte with an injection pump. In the experiment with addition
of ~3.57 g/h HpO, to the electrolyte, there was 4.2 g of HyO5 in the electrolyte
before the electrolysis started. For the other experiments, no HoO2 was added
to the electrolyte prior to electrolysis, and the addition of HyOy was stopped for
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3-4 hours once a day to reduce the HyO concentration in the electrolyte.

During addition of ~1.79 g/h HyO2, the anode potential became constant when
the Hy0o feed was stopped. For both ~0.9 and 1.19 g/h HyO», the anode po-
tential increased when the feed of HyO, was stopped. This observation indicates
that addition of ~0.9-1.19 g/h HyOy may be the lowest amount of HyOp which
should be added to avoid deposition of MnO» on the anode surface.

The colour of the electrode surface did not change after electrolysis for 100 hours,
and no MnO, deposit was visible on the anodes when ~0.9-1.19 g/h HoO, was
added to the electrolyte. The electrolyte was not red coloured (because of Mn3+
ions) as observed earlier, but was faintly pink (MnSOy in H2804). This observa-
tion indicates that the Mn3t ions formed at the anode, may have been reduced
by the hydrogen peroxide to Mn?t in the electrolyte, according to equation 3.44.

When ~3.57 g/h HyQ9 was added, the elecirolyte turned yellow after 75 hours,
which might be explained by dissolution of the substrate forming titanium perox-
ide complexes in the electrolyte. Mraz and Krysa [30] also observed a weak yellow
colour in the electrolyte in the end of the accelerated life-tests of the Ti/IxOg -
TapOs anode in sulphuric acid, and explained it by formation of peroxotitanic
acid. Large sections of coating had also fallen off the electrode during electrolysis.

The low anode potentials may be due to the decomposition of HyO2 (equation
5.1) at the anode, in addition to deposition of MnOz and O evolution. The
H,0, worked as a depolarizer on the anode potential, and the anode potential
was reduced by 500 to 700 mV compared to the standard electrolysis in 2M
H380, containing ¢(Mn?*+) = 10 g/l. The curves for 1.79 and 3.57 g/h HzOq
were very smooth, while those for 0.9 and 1.19 were irregular. At high additions
of HyO2 (1.79 g/h < ) no MnOy may have deposited on the anode. It is suggested
that the intermediate, Mn®*, may have been reduced before it was hydrolyzed.
At low additions of HyOs { € 1.19 g/h), MnO; might have been deposited and
reduced simultaneously as oxygen evolution and decomposition of HoOg occurred
on the anode surface, giving an irregular anode potential.

0y + 2HT + e~ = Ho 0 g =068V (5.1)

The electrodes were weighed before and after electrolysis. The differences in
weight are given in table 5.6. As can be seen from the table, addition of ~3.57
g/h HyOy to the electrolyte was obviously too much, and it destroyed/reduced
the catalytic coating. It might also happen that HyOs in some way affected
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Table 5.6: Change in weight of anode (Ti/IrOy - TayOs) before and after elec-
trolysis in 2M HySO4, ¢(Mn**) = 10 g/l at T = 85°C and i = 0.05 A fem? with
different additives of Ha O (0.9-3.57 g/h) for 100 hours.

H30; {g/h] Am [mg/cm?]

0.95 -0.05
1.19 -0.05
1.79 -0.07
3.57 -34.0

the adherence between the substrate and the catalytic coating. HyO, additions
between ~0.9-1.19 g/h were found to be enough to reduce the deposited MnO,
on the anode surface, and to avoid coverage of the catalytic sites by MnOs. The
small negative change in weight may be due to dissolution of the coating, but the
weight reduction lies within the uncertainty of the scales used.

These experiments were carried out to study the reducing effect of HyOp on the
deposited MnOy in sulphuric acid. Further experiments might be conducted to
study the concentration of HoOy in the electrolyte as a function of time, and to
establish the accurate quantities of HyOy needed to avoid deposition of MnO; for
various Mn?* concentrations in the electrolyte.
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Conclusions

The deposition of manganese dioxide from sulphurie acid electrolyte containing
Mn2* ions, has been studied on various electrode materials (Pt, Pb/Ag, Ti Jaiie’
- Tap05/(MnO,) ), by cyclic voltammetry, linear voltammetry and galvanostatic
electrolysis.

Cyclic voltammetry was conducted on platinum and Ti/IxOs - TagOs as working
electrodes in 2M HyS04 containing Mn?t ions at T = 35°C. The oxidation of
Mn2+ to MnO, was found to be mass transfer controlied, and followed an ECE
mechanism (electrochemical-chemical-electrochemical) as given by equations 6.1
- 8.3, because two oxidation peaks were observed.

Mn?t — Mn3* 4 e~ (6.1)
Mr*t + 2Ho0 — MnOOH + 3H™ (6.2)
MnOOH — MnO, + H + ¢ (6.3)

The presence of the Mn®t ions in the electrolyte during the anodic scan, was
detected by a spectrophotometer. The intermediate product MaOOH was found
to be insulating, giving very sharp oxidation peaks at low scan rates (< 10mV/s).

125
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Low sulphuric acid concentrations { < 2M) were observed to favour deposition of
MnO,, while high acid concentrations (4 < ) inhibited the deposition.

Introduction of stirring in the electrolyte enhanced the oxidation of Mn?*, and
inhibited the deposition of MnOs on the platinum electrode surface. For the
Ti/IrOs - TagOs electrode, only small amounts of MnOs were deposited compared
to experiments with no stirring.

The MnQO; deposited during the anodic scan, was found to be reduced completely
in the cathodic scan. The reduction mechanism is suggested to be a combination
of electrochemical and chemical dissolution steps, as described in equations 6.4 -
6.7. The Mn?* concentration (10 g/1 <) had a large effect on the production of
Mn®* ions during the cathodic scan. The Mn3* ions were reduced in the end of
the cathodic scan according to equation 6.7. The first reduction step is suggested
to take place in the interior of the MnOs deposit where the electrons from the
electrode and protons from the electrolyte meet. The diffusion of protons to
the interior of the deposit is suggested to be the rate determining step in the
reduction of MnOa.

MnO; + H* 4+ ¢” — MnOOH (6.4}
MnOOH + 3 H* — Ma®t + 2 H,0 (6.5)

1/2 MnOy + 1/2 Mn** + 2 HT — Mn®** + H,0 (6.6)
Mn* 4 ¢ — Mn** (6.7)

The IrOq - TasO5 coating was modified by replacing parts of the TasOs content
with various quantities of MnQ, (5, 50, 75 and 100 mol%), while the quantity of
IrO; was the same for all coatings. The morphology of the coating changed from
consisting of a smooth phase of Tay Oy with crystalline agglomerates of IrO for
the IrQ; - Tas O5 coating, to an apparent one phase coating with no agglomerates
of IrO; for high concentrations of MnO,, (50-100 mol%). The coating with 5 mol%
MnO, was observed to have the lowest anode potential for oxygen evolution, while
the coating with pure IrO; was observed to be less active for oxygen evolution
because of partial passivation of the Ti substrate.
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The deposition of MnQs on the various electrode coatings was nearly independent
of the coating composition in galvanostatic electrolysis, and it is suggested that
oxidation of Mn?t occurred at the interface deposited MnOg/electrolyte. The
current efficiency with respect to MnO;, was observed to decrease as a function
of electrolysis time.

Manganese dioxide was observed deposited on rotating cylinder electrodes during
galvanostatic electrolysis, and the deposit thickness (20pm) was observed to be
nearly independent of the rotation velocity (0 to 3 m/s).

Increasing concentration of Mn?* ions in the electrolyte led to faster blocking of
the catalytic sites of the IrOg - TagOs coating leading to higher anode potential.
The spent electrolyte was studied by a spectrophotometer and the absorption
spectrum of Mn®t was obtained. No permanganate was detected in the red
coloured electrolyte.

When Pt was used as an anode in electrolysis in 2M H3S04 containing Mn2+
ions, huge quantities of dispersed MnQ, were observed in the bulk electrolyte.
The MnQ, adhered poorly to the Pt surface, while it adhered very well to the
1r0s - TayOs coating and polished lead (Pb/Ag) anode (no dispersed MnO, was
observed). It is suggested that differences in surface tensions may affect the
adherence of the deposited MnO» to the anode surface.

Cathodic pulses were applied to the Ti/IrOg - TazO; electrode during electrolysis
(for 100 hours), to reduce the deposited MnOj;. The deposition of MnQOs; was
not avoided, but the coating or the Ti substrate was dissolved, and a decrease
in weight was observed. However, when HyOs (~0.9-1.19 g/h) was added to
the electrolyte during electrolysis, the deposited MnOg and the Mn®* ions were
reduced by the HyQs. I addition a depolarizing effect was observed due to the
decomposition of HoOs on the anode, and the anode potential was reduced by
500 to 700 mV compared to the standard electrolysis in 2M H2SO4 containing
¢(Mn?t) = 10 g/1.
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Appendix A ”

Cyclic voltammetry on Pt

Peak current density and peak potential as a
function of scan rate
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Figure A.l: The anodic peak potential as a function of log(v).
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Figure A.2: The anodic peak current density as a function of the square root of
the scan rate.



Appendix B

AC Impedance

AC impedance measurements on Ti/IrO; - TayOs in 2M H2SO04

The figures B.1-B.4 present Nyquist diagrams for a Ti/IrOg - TagOs electrode in
9M H2S04 at T = 35°C and various applied potentials.
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Figure B.2: Impedance plot (10-
100kHz) on o Ti/IrOy - Tap Os elec-
trode at applied potential 0.5 V wvs.
MSE.

Figure B.1: Impedance plot (10-
100kHz) on a Ti/IrOy - TayOs elec-
trode af open circuit potential.
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Figure B.3: Impedance plot (10-
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Appendix B. AC Impedance
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Figure B.4: Impedance plot (10-
100kHz) on @ Ti/IrOq - Tay Oy elec-
trode of applied potential 2.0 V ws.
MSE.

The noise in the measurements when 2.0 V was applied to the electrode, was due
to the oxygen evolution on the Ti/IrOq - Taz 05 electrode.
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Figure B.5: Plot of inverse fre-
quence (10-100kHz) as a function of
Zre at open circuit potential on ¢
Ti/IrOy - Tas O electrode.
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Figure B.6: Plot of inverse fre-
quence (10-100kHz) as a function of
Zre at applied potential 0.5 V wvs.
MSE on a Ti/ff‘Og - Ta205 elec-
trode.
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Figure B.7: Plot of inverse fre-
quence (10-100kHz) as a function of
Zre ot applied potential 1.0 V wvs.
MSE on a Ti/IrOy - TapOs elec-
trode.
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Figure B.8: Plot of inverse fre-
quence (10-100kHz} as a function of
Zre ot applied potential 2.0 V wvs.
MSE on a Ti/IrOy - TayOs elec-
trode.

The electroyte resistance between the electrode surface and the luggin capillary
tip, was performed by extrapolate the curve to 1 /f =0 and read the resistance

from the Zge.

Table B.1: The electrolyte resistance between the electrode surface and the luggin
capillary tip, when various potentials were applied to the working electrode.

Applied Potential [V]

Electrolyte resistance [{]

OCP=0.3
0.5
1.0
2.0

0.09
0.09
0.1
0.1
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Appendix C

Polarization curves in
sulphuric acid

Polarization curves in 2M H,S0,

20 T ¥ 3 T T T T T T T 3 T T T T T T
i5F IrTaMnO, 75 b
"v’E W0 IrTaMng, 50 -

o
> IrQ;top 7
e 1rQ, - Ta, 0,
— Q5 2 LN N
1r'TaMnO,

x lrMnG, |
oot — 1o, 1

n H i i. L 1 1 A | 2 1 2 ). 1 1 1 i

-02 ae o2 04 08 08 10 1,2 14 16

Potential vs. MSE[V]

Figure C.1: Polarization curve on IrQy - TayOs, IrOstop, IrOy, IrTalnO,5,
IrTaMnO.50, IrTaMnO,75 and IrMnQ,, coating in 2M H,504 at T = 35° C and
scan rate I mV/s. Interval 0-1.5 V vs. MSE. Second experiment.
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Figure C.2: Polarization curves on a Ti/IrOy - TayOs electrode in 2M HoSO4
at T = 35°C and scan rate 1 mV/s. Interval 0-2 V vs. MSE. The effect of IR
correction when the electrolyte resistance is 0.1 1.



