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ABSTRACT 
In the chlorate process, natural convection arises thanks to the hydrogen evolving cathode. This 
increases the mass transport of the different species in the chlorate electrolyte. There is a strong 
connection between mass transport and the kinetics of the electrode reactions. A better 
knowledge about these phenomena and their interactions is desirable in order to understand e.g. 
the reasons for deactivation of anode coatings and what process conditions give the longest 
lifetime and the highest efficiency. 

One of the aims of his work was to understand how the chlorate process has to be run to avoid 
exceeding the critical anode potential (Ecr) in order to keep the potential losses low and to 
achieve a long lifetime of the DSAs. At Ecr anodic polarisation curves in chlorate electrolyte bend 
to higher Tafel slopes, causing increasing potential losses and accelerated ageing of the anode. 
Therefore the impact on the anode potential and on Ecr of different electrolyte parameters and 
electrolyte impurities was investigated. Additionally, the work aimed to investigate the impact of 
an addition of chromate on oxygen evolution and concentration profiles under conditions 
reminiscent of those in the chlorate process (high ionic strength, 70 °C, ruthenium based DSA, 
neutral pH), but without chloride in order to avoid hypochlorite formation. For this purpose a 
model, taking into account mass transport as well as potential- and concentration-dependent 
electrode reactions and homogeneous reactions was developed. Water oxidation is one of the 
side reactions considered to decrease the current efficiency in chlorate production. The results 
from the study increase the understanding of how a buffer/weak base affects a pH dependent 
electrode reaction in a pH neutral electrolyte in general. This could also throw light on the link 
between electrode reactions and homogeneous reactions in the chlorate process. 

It was found that the mechanism for chloride oxidation is likely to be the same for potentials 
below Ecr as well as for potentials above Ecr. This was based on the fact that the apparent 
reaction order as well as αa seem to be of the same values even if the anode potential exceeds Ecr. 
The reason for the higher slope of the polarisation curve above Ecr could then be a potential 
dependent deactivation of the active sites. Deactivation of active ruthenium sites could occur if 
ruthenium in a higher oxidation state were inactive for chloride oxidation. 

Concentration gradients of H+, OH-, CrO4
2- and HCrO4

- during oxygen evolution on a rotating 
disk electrode (RDE) were predicted by simulations. The pH dependent currents at varying 
potentials calculated by the model were verified in experiments. It was found that an important 
part of the chromate buffering effect at high current densities occurs in a thin (in the order of 
nanometers) reaction layer at the anode. From comparisons between the model and experiments 
a reaction for the chromate buffering has been proposed. Under conditions with bulk pH and 
chromate concentration similar to those in the chlorate process, the simulations show that the 
current density for oxygen evolution from OH- would be approximately 0.1 kA m-2, which 
corresponds to about 3% of the total current in chlorate production. 

 

 

 

 

 

Keywords: Chlorate, chloride oxidation, oxygen evolution, critical anode potential, chromate, 
DSA, mass transport, RDE 



SAMMANFATTNING 
I kloratprocessen ger den vätgasutvecklande katoden upphov till naturlig konvektion, vilket ökar 
materietransporten av de olika specierna i elektrolyten. Det är ett tydligt samband mellan 
materietransporten i cellen och kinetiken för elektrodreaktionerna. Ökad kunskap om dessa 
fenomen och deras samverkan kan öka förståelsen av t.ex. varför anodbeläggningar deaktiveras 
och vilka processbetingelser som ger längs livstid och högst strömutbyte.  

Ett av målen med detta arbete var att förstå hur kloratprocessen bör köras för att den kritiska 
anodpotentialen (Ecr) inte ska överskridas och därmed hålla spänningsförlusterna nere och öka 
livstiden för DSA-anoden. Vid Ecr böjer anodiska polarisationskurvor av till högre Tafellutningar, 
vilket ger ökande spänningsförluster och ökat slitage av DSA-beläggningen. Därför har påverkan 
på anodpotentialen och Ecr av olika elektrolytparametrar och föroreningar undersökts. Vidare var 
målet att undersöka inverkan av kromat på syrgasutveckling och på koncentrationsprofiler under 
förhållanden liknande kloratprocessens (hög jonstyrka, 70°C, ruthenium-baserad DSA, neutralt 
pH), men utan tillsatts av klorid för att undvika hypokloritbildning. För detta har en modell 
utvecklats, som tar hänsyn till materietransport såväl som potential- och koncentrationsberoende 
elektrodreaktioner och homogena reaktioner. Vattenoxidation är en av de bireaktioner som anses 
minska strömutbytet vid kloratframställning. Resultaten från detta arbete ger en ökad förståelse 
av hur en buffert/svag bas påverkar en pH-beroende elektrodreaktion i en neutral elektrolyt. 
Detta kan även hjälpa till att förklara sambandet mellan elektrodreaktioner och homogena 
reaktioner i kloratprocessen. 

Detta arbete har visat att mekanismen för kloridoxidation troligen är samma för potentialer över 
likväl som under Ecr. Detta baserades på att både den skenbara reaktionsordningen och αa inte 
verkar ändras då anodpotentialen överskrider Ecr. Polarisationskurvans högre lutning vid 
potentialer högre än Ecr skulle kunna ha sin orsak i en potentialberoende deaktivering av aktiva 
säten. Deaktivering av aktiva säten skulle kunna uppstå om ruteniums högre oxidationstillstånd 
vore inaktivt för kloridoxidation. 

Koncentrationsgradienter av H+, OH-, CrO4
2- och HCrO4

- under syrgasutveckling på en 
roterande skivelektrod (RDE) har uppskattats genom simuleringar. De pH-beroende strömmarna 
som räknats ut av modellen verifierades genom experiment. Det visade sig att en viktig del av 
kromatbuffringen vid höga strömtätheter sker i ett mycket tunt reaktionsskikt (nanometertjockt) 
vid anoden. Genom jämförelser mellan modell och experiment har en reaktion för 
kromatbuffringen föreslagits. Med ett pH och en kromatkoncentration som liknar de i 
kloratprocessen visade simuleringar att strömtätheten för syrgasutveckling ur OH- skulle vara ca 
0,1 kA m-2, vilket skulle motsvara ungefär 3% av den totala strömmen vid kloratproduktion. 
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1. PROJECT BACKGROUND AND GENERAL GOALS 
 
In the chlorate process, natural convection arises thanks to the hydrogen evolving cathode. The 
gas bubbles rise through the cell, and cause a gas-lift effect. There is a strong connection between 
mass transport and the kinetics of the electrode reactions. A better knowledge about these 
phenomena and their interactions is desirable in order to understand e.g. the reasons for 
deactivation of anode coatings and what process conditions give the longest lifetime and the 
highest efficiency.  
 
In earlier projects within FaxénLaboratoriet [1,2], efforts made to simulate the whole industrial 
chlorate cell have shown that the complexity of the system requires better understanding of the 
kinetics of the electrode reactions and the homogeneous reactions in the electrolyte bulk. This 
project, also partly carried out within FaxénLaboratoriet, has investigated the chloride oxidation 
(the desired electrode reaction in chlorate production) on the anode and the general connection 
between electrode reactions, mass transfer and homogeneous reactions. 
 
The project has been divided into two studies: 
 

• An experimental study, which investigated the impact of different electrolyte parameters 
on the potential of the chlorate anode. The experiments aimed at understanding the 
critical potential (a potential where the polarisation curve for chloride oxidation bends to 
a higher slope), and how the process can be operated to avoid reaching/exceeding the 
critical potential. 

 
• A study, in which mass transport simulations in an electrolyte where homogeneous 

reactions are coupled to electrode reactions has been carried out. Oxygen evolution 
(a side reaction in the chlorate process) was chosen as the electrode reaction, and the 
homogeneous reactions were chromate buffering and water dissociation. This system is, 
from a modelling prospective, less complex than the chlorate system. This facilitated 
convergence of the calculations as well as interpretation of the modelling results. The 
simulations aimed at understanding the coupling between homogeneous reactions, 
electrode reactions and mass transport by studying concentration profiles of the different 
species involved. 

 
The specific aims will be discussed below as a part of the introduction. 
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2. INTRODUCTION 

2.1 The Chlorate Process 
Chlorate is today mostly produced in the form of sodium chlorate (NaClO3). It is the raw 
material in production of chlorine dioxide (ClO2), commonly used in pulp beaching [3]. In 
Sweden, Eka Chemicals is the only chlorate manufacturer, and has plants in Stockvik/Sundsvall 
and Alby. The development of electrochemical chlorate production in Sweden was induced by 
the need of potassium chlorate (KClO3) in the 1880ties. The manufacturing of the Swedish 
invention the safety match, required large amounts of KClO3. Nowadays, a very small part of the 
chlorate produced serves as raw material for matches, and the pulp industry is consuming most 
of the chlorate [3].  
 
The chlorate process consumes significant amounts of electrical energy. In fact, up to 70% of the 
production costs are for electrical energy [4]. Due to high energy consumption even a small 
efficiency improvement can save large amounts of energy. 

2.1.1 Chemistry 
Chlorate is produced in undivided cells, where the overall reaction (reaction 1) is sodium chloride 
and water forming sodium chlorate and hydrogen. The hydrogen gas bubbles formed on the 
cathode (reaction 2) give rise to a gas-lift effect, which enhances mass transport of reactants to 
the electrode surface. Chlorine formed on the anode (reaction 3) is dissolved in the electrolyte 
and reacts to form chlorate through a number of reaction steps (reactions 4-6).  
 
Overall reaction: 
 

)(3)()(3)( 232 gHsNaClOlOHsNaCl +→+    (1) 
 
Cathode reaction: 
 

222 HeH →+ −+     (2) 
 
Anode reaction: 
 

−− +→ eClCl 22 2     (3) 
 
Chlorate is formed in a series of chemical reactions: 
 

+− ++→+ HClClOHOHCl 22    (4) 
 

+− +↔ HClOClOH     (5) 
 

−+−− ++→+ ClHClOClOClOH 222 3    (6) 
 
At industrial conditions (pH 6-7) the side reaction oxygen evolution would be more pronounced 
if the electrode surface had the same pH as the bulk electrolyte. However, oxygen evolved from 
water containing electrolytes as well as chlorine reacting through reaction 4-5 produce protons 
causing an acidification at the electrode surface, which suppresses oxygen evolution. This 
acidification increases as the current density is increased. However, it is important to have a 
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higher pH (pH 6-7) in the bulk to achieve a high reaction rate of the chlorate formation 
(reaction 6) and a low amount of chlorine in the outlet gases.  

2.1.2 Electrolyte Parameters 
To obtain an as high and energy efficient production rate as possible the process parameters such 
as electrolyte temperature, pH and chloride and chlorate concentrations have to be optimised. 
The text in this paragraph (2.1.2) is based on Ref. 5. 
 
The temperature of the chlorate process is typically 70-80 °C. An increase as well as a decrease in 
temperature would lead to a lower current efficiency because the rate of the side reaction oxygen 
evolution would increase. Increasing temperature results in a higher reaction rate of the chlorate 
forming reaction (reaction 6), but also increases the reaction rate of the oxygen forming side 
reactions (see below). A decrease in temperature would decrease the rate of chlorate formation 
(reaction 6) and the concentrations of HOCl and ClO- would build up in the electrolyte, and 
form oxygen (see reactions 7-11). 
 
A usual pH in the chlorate cell is approximately 6-7. As mentioned above, the chlorate forming 
reaction (reaction 6) has its highest reaction rate in this pH range, while the anode surface has a 
lower pH thanks to the acidifying reactions 4 and 5. The acidic anode surface suppresses the side 
reaction oxygen evolution, favouring chloride oxidation. A decrease in the bulk pH of the 
chlorate electrolyte would suppress the oxygen evolution even more, but would as well decrease 
the rate of reaction 6. Furthermore, the chlorine gas evolved in the electrode reaction would not 
dissolve in the electrolyte if pH were too low, but would escape with the cell gas. A pH increase 
would of course increase the oxygen evolution. 
 
To avoid mass transport limitations of chloride and to achieve a low reversible potential for 
chloride oxidation, a saturated chloride brine would be ideal. However, such a high chloride 
concentration would complicate the crystallisation of the chlorate salt, which is a later step in the 
production process. Therefore most of the chlorate plants have a sodium chloride concentration 
of 80-120 g/L. 

2.1.3 Side Reactions 
The current efficiency in the chlorate process is commonly 93-95% [6]. The deviation from 100% 
for the current efficiency is caused by the occurrence of side reactions in the bulk and on the 
electrodes as well as Cl2 escaping with the cell gas. The major by-product is oxygen. Oxygen in 
the cell gas does not only affect the energy consumption, but is also considered as a safety risk. 
Too much oxygen could cause an explosion if reacting with hydrogen from the chlorate cathode. 

Oxygen Evolution 
Some suggested anode reactions giving oxygen are [7,8]: 
 

−−+−− ++++→+ eOClHClOOHOCl 1238124612 232  (7) 
 

−−+ +++→+ eOClHOHClOH 23 22    (8) 
 

−+ ++↔ eHOOH 442 22     (9) 
 

−− ++↔ eOHOOH 424 22    (10) 
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Instead of hypochlorite forming chlorate through reaction 6, as desired, it can decompose to 
oxygen and chloride [7,8]. 
 

−− +→ ClOOCl 22 2     (11) 
 
Kotowski et al. and Hardee et al. [7,8] claimed that reactions 7, 8 and 11 are responsible for the 
major part of the oxygen evolved in a chlorate cell. However, Tilak et al. [5] argued that the 
primary source of oxygen is anodic discharge from water molecules, and that hypochlorite 
contributes to additional oxygen. Additionally, they pointed out the difficulties in separating 
different contributions generating oxygen. 

Oxygen Evolution from Water and OH- Oxidation 
As mentioned above, the oxygen by-product in chlorate electrolysis could come from different 
sources. In Paper II, oxygen evolution from reactions 9 and 10 is considered. To be to able to 
separate these reactions from other oxygen evolving ones, chloride free electrolytes were used. 
Of course, the oxygen evolution from water and OH- in chlorate electrolyte cannot be assumed 
to be identical to that in chloride free solutions. The intention is however that the knowledge 
gained in this work would facilitate the general understanding of the interaction between mass 
transfer, electrode reactions and homogeneous reactions. The focus has been on how the oxygen 
evolving electrode reactions, mass transfer and the homogeneous reactions, such as chromate 
buffering and water dissociation control each other. This has been done by studying the modelled 
concentration profiles for the different species of the electrolyte. 
  
Most work on the oxygen evolving reaction (OER) in chloride free solutions is reported for 
either strongly acidic or strongly alkaline electrolytes [9,10]. The electrode reaction differs 
between the two cases, the reactant being water or hydroxide respectively (reactions 9 and 10). 
The electrode reactions are not affected by mass transport limitations except for at very high 
current densities in alkaline electrolytes. Sato et al. [11] studied the OER on nickel electrodes in 
electrolytes of varying alkalinity and found limiting current densities that depended on OH- 
concentration. An overlimiting current was attributed to OER from water (reaction 9). This 
mechanism is thus less kinetically favoured at sufficient OH- concentrations but will be 
predominate when the OH- concentration is too low.  
 
Both oxygen evolving reactions decrease pH in a region close to the anode, reaction 9 by direct 
production of H+, while the consumption of OH- in reaction 10 affects the water dissociation 
equilibrium to produce H+ (reaction 12). 
 

OHHOH 2↔+ +−     (12)  
 
If the kinetics of this reaction were sufficiently high, a limiting current density would not appear, 
since the water dissociation would supply OH- to reaction 10 at a sufficiently high rate even in 
the presence of mass transport limitations in the bulk of the electrolyte. 
 
When a buffer/weak base is added to the electrolyte, the acid-base reaction can also serve as 
source of OH- next to the surface. Chromate, a component in chlorate electrolyte, forms such a 
buffer system.  

2.1.4 The Chlorate Cell 
Most chlorate producers have developed their own cell technology [5]. According to Tilak et al. 
[5] in 1999, there were 14 chlorate cell technologies to be found in the world. The chlorate 
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cathodes are commonly made of steel [12], but can also be of titanium [13]. The anodes are made 
of titanium and with a noble metal coating [12]. The coating of the anodes can be based on 
platinum, iridium and ruthenium. The high price of the platinum-iridium based anodes have 
made the ruthenium based dimensionally stable anodes (DSAs) the most widely used today. In 
this work DSAs of TiO2/RuO2 have been used. The design of the chlorate cells can either be 
bipolar or monopolar. The monopolar cells have the advantage of being simple to construct and 
their price is relatively low. The disadvantage is that they attain a higher cell voltage than the 
bipolar cells [13]. A higher production rate can be achieved with bipolar cells [13]. 

2.1.5 The Critical Potential 
It has been shown [14,15,16] that anodic polarisation curves on dimensionally stable anodes 
(DSAs) of RuO2/TiO2 bend to a higher Tafel slope at approximately 1.2 V vs Ag/AgCl. The 
change in Tafel slope is, according to Cornell et al. [15] neither related to mass-transport 
limitations nor to an ohmic drop and would therefore indicate a change in electrode kinetics. The 
potential and the current density where the polarisation curve bends have been referred to as the 
critical potential (Ecr) and the critical current density, respectively [14]. The current densities used 
in industrial chlorate production are usually around 3 kA/m2, which would result in an anode 
potential close to Ecr. Operating the chlorate process at the current densities, for which the 
polarisation curve has the higher Tafel slope, would obviously give higher potential losses but 
would decrease the current efficiency for chloride oxidation as well. The current efficiency has its 
maximum at Ecr and decreases as the side reaction oxygen evolution increases at potentials below 
and above Ecr [17]. Eberil et al. [14] suggested that the bend at Ecr was related to 
Ru(VIII)formation. RuO4 is a gaseous oxide that could escape with the cell gas, which means that 
operating above Ecr could increase the rate of aging of the anode (i.e., the anode loses its 
ruthenium faster). Gorodetskii et al. [18] have investigated the corrosion rate of ruthenium in 3 M 
HClO4 and 3 M HCl at 50°C. At potentials between 0.8 and 1.2 V vs a normal hydrogen 
reference electrode (NHE) they found that ruthenium corroded at a constant low rate, but at 
potentials between 1.3 and 1.8 V vs NHE the corrosion rate increased as the potential was 
increased. Other studies [19,20,21] have also shown that the ruthenium corrosion increases with 
increasing potential. In those studies, measurements were only done for anode potentials higher 
than 1.3 V vs NHE, which would be above the critical potential, determined by Eberil et al. and 
Cornell et al. [14,15,16]. Therefore, no conclusions regarding the difference in corrosion 
behaviour for ruthenium below and above Ecr could be drawn from the experiments in Ref. 19, 
20 and 21. The critical potential has previously been studied by Eberil et al. [14,17,22] with 
stationary electrodes at uncontrolled mass-transport conditions. To avoid confusion of the bend 
at Ecr with mass transport limitations, a rotating disk electrode was used in the present study.  

2.1.6 Chromate in Chlorate Electrolyte 
Sodium dichromate (Na2Cr2O7) is added to the chlorate electrolyte to form a film of 
chromium(III) hydroxide on the cathode surface [23,24,25]. This film prevents cathodic 
reduction of chlorate and hypochlorite [23,24,25]. The equilibrium reactions for chromate in the 
electrolyte result in a buffer effect in the pH range 5–7, where formation of chlorate (reaction 6) 
has its highest rate. Although an addition of Na2Cr2O7 of the order of a few grams per litre is 
necessary in order to keep a high current efficiency on the cathode, chromate has proved to cause 
increased potentials on ruthenium and ruthenium-iridium-based DSAs [14,15,22]. Eberil et al [22] 
as well as Cornell et al. [15] discuss the chromate effect in terms of an adsorption to the active 
sites for chloride oxidation. Eberil et al. implied in Ref. 22 that the adsorption could be 
potential-dependent. They [14,22] performed their experiments at pH 6–7.5, where chromate has 
a buffering effect. The negative effect on the anode potential of an addition of chromate could 
therefore not only be due to the adsorption of chromate but could also be an indirect pH effect 
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caused by the buffering. In this work, the chromate effect on the polarisation curve in chlorate 
electrolyte was further investigated at pH 2, where buffer effects and oxygen evolution are minor. 
 
It is reasonable to suspect that an addition of chromate to the chlorate electrolyte would increase 
the oxygen by-product formation in reaction 10. As earlier mentioned a buffer/weak base can 
serve as source of OH- next to the surface, supplying OH- to reaction 10. Chromate forms such a 
buffer system. Chromate is involved in a number of equilibria, depending on pH [26] : 
 

OHOCrHCrO 2
2
7242 +↔ −−    (13) 

 
−−− +↔+ OHHCrOOHCrO 42

2
4    (14) 

 
−+− ↔+ 4

2
4 HCrOHCrO     (15) 

 
424 CrOHHHCrO ↔+ +−     (16) 

 
Reaction 14 is commonly written as a combination of two reactions, reaction 15 and the 
dissociation of water, reaction 12. Reaction 15 has its strongest buffering effect (strongest ability 
to take up H+) at pH 5.8-6.5 [26,27,28], which is equal to the pKa values reported for reaction 6 
in water. Analogously, the buffering effect of reaction 14, is associated with its ability to produce 
OH-. This reaction is most active when pOH is equal to pKb for the reaction. pKb for reaction 14 
can be related to pKa for reaction 15 as pKw - pKa. Below pH 1, the existence of H2CrO4 should 
be considered [26]. 

2.2 Aim of the Papers 
Paper I aimed to understand how the chlorate process has to be run to avoid exceeding Ecr in 
order to keep the potential losses low and to achieve a long lifetime of the DSAs. The current 
efficiency can be maximized by operation close to Ecr but not above Ecr. In this work, the impact 
on the anode potential and on Ecr of different electrolyte parameters (chloride concentration, 
chromate concentration, temperature) and electrolyte impurities (fluorides, sulphates, phosphates, 
silicates) was investigated. Even though changing an electrolyte parameter would not directly 
affect Ecr, it could by increasing the anode potential lead to Ecr being reached at lower current 
densities. As a result, the chlorate process would be forced to operate at lower production rates 
to avoid exceeding Ecr. 
 
The aim of Paper II was to investigate the impact of an addition of chromate on oxygen 
evolution and concentration profiles under conditions similar to those in the chlorate process 
(high ionic strength, 70 °C, ruthenium based DSA, neutral pH), but without chloride in order to 
avoid hypochlorite formation. It was hoped that the results from the study would increase 
understanding of how a buffer/weak base affects a pH dependent electrode reaction in a pH 
neutral electrolyte in general. It required experimental studies in a rotating disk electrode (RDE) 
cell as well as modelling of the same system. The model was a one-dimensional model, taking 
into account mass transport as well as electrode reactions and homogeneous reactions. Its 
purpose was to give a picture of how the electrode reactions and the homogeneous reactions act 
together, and the role of mass transport of different species. The system is however complex and 
for computational reasons, some simplifications, described in the following sections, had to be 
made. The results from this work are intended to serve as a basis for an extended model of the 
anode and cathode in the chlorate process. 
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3. METHODS 
In this thesis both experimental and modelling works are presented. Whereas Paper I is based on 
experimental measurements, the study of Paper II required a combination of experiments and 
modelling. In Paper I measurements were conducted at chlorate conditions, while the 
experiments and modelling of Paper II treated the oxygen evolving reaction. 

3.1 Experimental 
Rotating disks were punched out from plates of electrode material and placed into titanium 
holders suitable for an electrode rotator model 636 from EG&G. The materials for the electrodes 
were either commercial ruthenium-based DSAs (PSC120 from Permascand AB) or solid nickel. 
The area of the electrodes was 1 cm2. The reference electrode was an Ag/AgCl electrode (K201 
from Radiometer) with saturated KCl at room temperature connected to a Luggin capillary by a 
salt bridge. The salt bridge contained 5M NaCl when chloride containing electrolyte was used and 
3M NaClO3 for chloride free experiments. The cell was a jacketed glass cell connected to a water 
bath for temperature control.  
 
All chemicals were of pro analysi grade, except for sodium chlorate which was of industrial grade. 
Industrial chlorate could contain small amounts of chloride and chromate. This would have an 
impact only when the electrolyte was defined to be chloride-free or chromate-free. For the 
chloride- or chromate-free experiments, recrystallized sodium chlorate was used. Water purified 
in a Millipore system was used in all experiments. The “standard” chlorate electrolyte contained 
550 g/L NaClO3, 110 g/L NaCl, 3 g/L Na2Cr2O7 with no added NaClO at 70 ± 1°C. The 
measurements of oxygen evolution were conducted in 5M NaClO4 electrolyte at 70 ± 1°C. Any 
deviations from these conditions are given in the text.  
 
Before starting measurements, the DSA electrodes were prepolarised until there were no changes 
in the polarisation curve. The prepolarisation was done in electrolyte of the same composition as 
for the actual measurements. The prepolarisation usually took less than 1 h. The Ni electrode was 
held at a constant current density of 10 kA m-2 for a few minutes until the potential was constant. 
This electrode was only used for experiments at pH 7 and pH 10, to ensure that dissolution of Ni 
was minimised. To avoid memory effects of chromate on the electrode, the chromate free 
measurements were always conducted on electrodes never exposed to chromate before. Besides 
this, the experiments were carried out in random order. Although the same type of electrode was 
used in all experiments, different samples were used. The actual surface area of the electrode can 
vary slightly between samples and their different prehistories can cause slight differences in the 
appearance of polarisation curves, even though they have been recorded at the same conditions. 
Therefore, the same sample was used in consecutive measurements when the purpose was to 
compare polarisation curves at different conditions. The rotation rate was 3000 rpm in most 
experiments, which was found to be high enough ensure good mass transport and to avoid gas 
bubble accumulation at the electrode. 
 
Galvanostatic polarisation curves were recorded using a PAR273A potentiostat. Correction for 
iR-drop was made with a current interrupt technique described in [16]. 
 
Ecr and icr were determined by fitting straight lines to the polarisation curve before and after the 
bend to the higher Tafel slope. The coordinates for the point where the two lines crossed were 
defined as (icr, Ecr). 
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3.2 Model 
To analyse the experimental polarisation curves for oxygen evolution, and to obtain information 
about the homogenous reactions and concentration profiles, a model was developed for the RDE 
cell. There are several advantages with the RDE cell. For instance, mass transport can easily be 
controlled experimentally by varying the rotation rate of the RDE and the convective flow 
pattern is well described by analytical expressions, which facilitates modelling of the RDE system 
[31]. The model describes mass transport and homogeneous reactions in the electrolyte with the 
potential- and concentration-dependent electrode reactions as boundary conditions. The 
electrode reactions taken into account were reactions 9 and 10. Since the complexity and the time 
for solving the model increased with the number of species and number of reactions, only two of 
the five homogeneous reactions were taken into account. These were the water dissociation 
(reaction 12) and the chromate buffering (reaction 14). Reaction 14 was assumed to be the 
dominating buffering reaction, and the contribution of reaction 15 was considered as minor and 
therefore neglected. This turned out to be a reasonable way of describing the chromate buffering. 
Another possibility would have been to let reaction 15 represent the buffering, and neglect 
reaction 14. That, would however result in disagreement between simulations and experiments as 
discussed in paragraph 4.2.4. Reaction 13 was neglected on the basis that it had no direct 
buffering effect, and reaction 16 since it is only active at very low pHs (<1) [26]. Even though 
chromate is added as Na2Cr2O7 experimentally, in the model it is assumed to dissolve into CrO4

2- 
and HCrO4

-. 
 
Due to the high ionic strength of the electrolyte (5M NaClO4), transport by migration could be 
neglected. Reducing the model, by assuming transport only by convection and diffusion, allowed 
the time for calculation to be shortened considerably. Simulations including migration and 
simulations in which migration was neglected resulted in almost identical concentration profiles. 
 
The species solved for were H+ and OH- in the chromate-free case, while in chromate containing 
electrolyte CrO4

2- and HCrO4
- were also considered. Na+ and ClO4

- were not included, since they 
made up the supporting electrolyte.  
 
The oxygen bubbles were assumed not to affect diffusion coefficients or the conductivity of the 
electrolyte. Furthermore, the viscosity of the electrolyte and the convective flow pattern were 
assumed to remain unchanged, irrespective of oxygen evolution. Experimental measurements of 
iR-drop vs current density showed that the resistivity of the electrolyte was not affected by the 
formation of oxygen at the current densities for this study. 
 
The model was based on mass balances for each species i in the electrolyte. 
 

ii
i R
t
c

+⋅−∇=
∂
∂

N     (17) 

 
where ci is the concentration, Ni the mass flux and Ri the production of species i by homogeneous 
reactions. Since the model assumes steady-state: 
 

0=
∂
∂

t
ci      (18) 

 
The mass flux is described by the Nernst-Planck equation, migration neglected: 
 

iiii cDc ∇−= vN     (19) 
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where v is the convective velocity field and Di is the diffusivity.  
 
Using cylindrical coordinates and assuming ci to be independent of r (the radial coordinate), the 
model becomes one-dimensional, and Eq. 19 is reduced to 
 

z
c

DcvN i
iii ∂
∂

−= z     (20) 

 
where vz is the convective velocity, in the direction perpendicular to the disk surface. The velocity 
field v for an ideal RDE has been solved analytically by Cochran [31], who showed that vz close 
to the electrode surface (small z) was 
 

[ ]4235.125.0 )/(103.0)/(333.0)/(510.0)( zzzvvz νωνωνωω −+−=  (21) 
 
where ω is the rotation rate of the RDE, ν is the kinematic viscosity and z is the distance 
perpendicular to the electrode surface. At the electrode surface z = 0. The expression for vz was 
assumed to be valid for the DSA electrode used in the experiment, even though it could be 
suspected that its rough surface would not fulfil the criteria for the plane ideal RDE. However, 
comparison with the Levich equation [32] and experimental limiting currents for ferricyanide 
reduction on DSA, showed that up to 3000 rpm, the electrode could be regarded as ideal. To 
avoid gas bubble accumulation at the electrode it had to be rotated at a relatively fast rate, and the 
experiments and simulations have with some exceptions been carried out at a rotation rate of 
3000 rpm.  

3.2.1 Boundary Conditions 
At z = 0 the flux is zero for species not involved in the electrode reaction. For those participating 
in an anodic electrochemical reaction on the surface, the flux is coupled to the current.  
 

F
j

N H
9=+  for H+ and    (22) 

 

F
j

N
OH

10−=−  for OH-    (23) 

 
where j9 is the current for reaction 9 and  j10 is the current for reaction 10. The currents j9 and j10 
are assumed to follow Tafel expressions, neglecting the cathodic contribution to the current: 
 
 

⎭
⎬
⎫

⎩
⎨
⎧

′=
RT

FE
kFj 9

99 exp
α

    (24) 

⎭
⎬
⎫

⎩
⎨
⎧

= −

RT
FE

kFcj
OH

10
1010 exp

αγ    (25) 

 
where , since water is in excess, can be seen as a concentration-independent rate constant for 
reaction 9. α9 and α10 are the symmetry factors, E the anode potential, T the temperature, F 
Faraday´s constant, cOH- the concentration of OH- at the anode surface and  the anodic rate 

´9k

10k
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constant for reaction 10. γ denotes the reaction order with respect to OH- in reaction 10. j9 has 
no concentration dependence since the reactant in reaction 9 is water, which is assumed to be in 
excess, and therefore has a constant concentration. 
 
The second boundary is set as a distance where all concentrations have their bulk values. This 
distance is determined by initially setting the boundary at a distance far from the electrode 
surface, where all species most certainly would have attained their bulk values. The concentration 
profiles from this initial simulation show the approximate thickness of the diffusion layer. With 
this information the boundary can be set closer to the electrode surface, but still outside the 
diffusion layer. 
 
At Nz δ>      (26) bulk

ii cc =
 
The Nernst-Planck mode of Comsol Multiphysics was used for solving the equation system. The 
equations were solved using a mesh, which was refined close to the electrode surface to be able 
to capture the sharp gradients arising there. The initially coarser mesh was gradually refined until 
mesh independent solutions were achieved. 

3.2.2 Input Parameters 
The input parameters for the model (Table 1) were either taken from the literature [26,33,34] or 
estimated by comparing experimental and simulated results. These parameters values were used 
in all simulations of this work. It has to be pointed out that not even the input values taken from 
literature are reported for the particular system of this study. Therefore they were all recalculated 
to conditions for this study. The recalculations are approximations and should therefore only be 
considered as such.  
 
For a homogeneous reaction, exemplified by Eq. 27,  
 

DCBA
b

f

k

k

+
⎯⎯←
⎯→⎯

+
27

27

    (27) 

 
the reaction term for species D would be: 
 

DCbBAfD cckcckR 2727 −=     (28) 
 
where R is the rate of production, c is the concentration and k is the rate constant. The subscripts 
f and b denote the forward and backward reaction respectively, where the forward reaction in this 
work means the reaction going from left to right. 
 
The rate constants for water dissociation (reaction 12) and chromate buffering (reaction 14) were 
related to their equilibrium constants as: and .  is 
the equilibrium constant for reaction 14, and its value is calculated from the equilibrium constant 
of reaction 15 as: . 

pKw
fOHb kck −=⋅ 10/ 1212

2

14

10/ 1414 bpK
bf kk −= 14

bK

1415
bwa pKpKpK −=
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Table 1. Input parameters for the model. 
Parameter Value Recalculated from Reference 

−OHD  /m2 s-1 4.4·10-9 [33]* 

+HD  /m2 s-1 7.8·10-9 [33]* 

−2
4CrO

D /m2 s-1 1·10-9 [estimated] 

−
4HCrO

D /m2 s-1 1·10-9 [estimated] 

wpK  12.5 [estimated through model] 
14
bpK  6.6 [26] 

3
fk  /m3 mol-1 s-1 3.17·109 [34]** 

OHb ck
2

3 ⋅  /mol m-3 s-1 1.00·103 [34]** 

OHf ck
2

5 ⋅ / s-1 2.5·105 [estimated through model] 
5
bk / m3 mol-1 s-1 1·108 [estimated through model] 

γ 2 [determined from experimental data] 
α9 0.6 [determined from experimental data] 
α10 2 [determined from experimental data] 

9k ′ /mol s-1 m-2 4.9·10-14 [determined from experimental data] 

10k /m4 s-1 mol-1 1.5·10-23 [determined from experimental data] 
*Recalculated by using the relation D2=D1·(µ1/T1)·(T2/µ2)  
[ J. Newman and K. E. Thomas-Alyea, in Electrochemical Systems 3rd ed., p. 285, John Wiley & Sons, New Jersey (2004) ] 
**Compensated for higher temperature according to the rule of thumb stating that the reaction rate doubles with 
10°C increase in temperature 
[ H. S. Fogler, in Elements of Chemical Reaction Engineering 3rd ed., p. 72, Prentice Hall International Series, New Jersey 
(1999) ] 
 

3.2.3 Data Evaluation from Polarisation Curves 
Kinetic parameters could be extracted by fitting Eq. 29 and Eq. 30 to the experimental 
polarisation curve. The kinetics were taken from the polarisation curve recorded in chromate-free 
electrolyte at pH approximately 10. At this pH the polarisation curve had, a clear Tafel slope in 
the pH dependent region, from which the kinetics for reaction 2 could be obtained. 
  
Taking the logarithm of these expressions gives 
 

( )log(log10ln '
99

1

Fkj
F

RTE −=
α

)   (29) 

 

( )( )1010
2

loglog10ln kFcj
F

RTE
OH
γ

α
−−=    (30) 

 
In the experimental results two different regions, corresponding to each of the two electrode 
reactions for oxygen evolution (reaction 9 and 10) could be identified. Tafel lines were fitted to 
both regions, even though the region for reaction 9 was not entirely linear. The lack of linearity at 
these potentials, believed to relate to oxidation of ruthenium [14], and a reduction in the number 
of active sites [35], was not included in the model as it occurs at potentials higher than the 
limiting current of interest in the present work. From the Tafel lines, the kinetics for reaction 9 
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and 10 could be extracted. When there are no mass transport limitations, cOH- at the anode surface 
is equal to its bulk concentration and E vs log j10 becomes linear. Under this condition the 
experimental Tafel region could be compared with Eq. 30. 
  
The reaction order γ with respect to OH- concentration was estimated from Figure 10b in 
Paper II, by plotting the anode potential vs pOHbulk at a constant current density. The current 
density had to be low enough to avoid influence of mass transport limitations of OH-. The 
reaction order  was found to be approximately 2. In the literature, reaction orders for oxygen 
evolution with respect to OH- are reported in a range of 1-1.7 [36]. The kinetic parameter values 
for j9 and j10 are presented in Table 1. 
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4. RESULTS AND DISCUSSION 

4.1 The Critical Potential 

4.1.1 Chloride Concentration and pH 
Polarisation curves showing the effect of varying chloride and chlorate concentration at 
electrolyte pH 2 are presented in Figure 1. Total molar concentration was kept constant at 5 M to 
fix the ionic strength. To ensure that no mass transport limitation influenced the polarisation 
curve at lower chloride concentration, a theoretical expression for approximating the limiting 
current density at a rotating disk was used [32]. The limiting current for the lowest chloride 
concentration (1M) was approximated to 21 kA m-2, which was ten times higher than the current 
density at which the curve bent. Oxygen evolution, the important side reaction to chloride 
oxidation in industrial chlorate electrolysis, is of minor importance at pH 2 except in the 
chloride-free case. An increase in chloride concentration gave a decreasing potential, which was 
explained by a lowered reversible potential and an increased exchange current density for chloride 
oxidation. Figure 2 shows that Ecr decreased with increasing chloride concentration. There was a 
linear relationship between Ecr and the logarithm of chloride concentration with a slope of 
approximately -90 mV/decade CCl, which was similar to that found for pH 6.5 [16]. The results 
of the experiments at pH 2 combined with the results achieved earlier by Cornell et al. [16] 
indicated that there is a direct effect of chloride concentration on Ecr. At pH 6.5, changing the 
chloride concentration changed the amount of oxygen evolved and therefore the surface pH 
changed. However, at pH 2 the difference in polarisation curves and Ecr for different chloride 
concentrations could not be explained as a pH effect, since surface pH does not differ 
considerably from the bulk pH.  
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Figure 1. Polarisation curves in an electrolyte of x M NaCl + (5-x)M NaClO3, 3 g/L Na2Cr2O7 at pH 2, 
and 70±1°C (0 ≤ x ≥ 5) 
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Even though Ecr decreased, the critical current density, icr, increased with increased chloride 
concentration. This would mean that the process could be operated at a higher current density 
when the chloride concentration increases. 
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Figure 2. Critical potential, Ecr, as a function of the logarithm of chloride concentration. Data from Figure 1. 
 
To investigate the effect of a decrease in pH from pH 2, experiments were done for different 
chloride concentrations at two different pHs, pH 1 and pH 2. The result can be seen in Figure 3. 
A more acidic electrolyte (pH 1) resulted in higher anode potentials for the chloride oxidation for 
all chloride concentrations. According to Fernandez et al. [37] the increases in potentials are due 
to deactivation of the ruthenium sites by protons.  
 
 (Ru-site)Hz+1 ⇔ (Ru-site)z + H+  (31) 
 
where z is the charge of the site. Protons are not involved in the reaction mechanism for chlorine 
evolution but have an influence on the number of sites active for chloride oxidation. The 
deactivation has shown to depend linearly on the H+ activity [37] at acidic pH. At lower 
H+-activity (pH> about 2) the activity for chlorine evolution remains practically constant with 
increasing pH. Trasatti [38] also reports a pH dependence on chlorine evolution on RuO2-
containing coatings, only in a limited pH range below pH 2. He also discusses the acid-base 
equilibrium, Eq. 31, as a possible explanation for this. Interpreting the bend of the polarisation 
curve and thereby determining Ecr was not done for pH 1, since there were very few experimental 
points to fit a line to at the end of the curve. However, when studying the shapes of the curves in 
Figure 3, it appeared as the bending of the curve started at higher potentials for pH 1 than for 
pH 2. This would be consistent with the theory that Ecr is related to oxidation of ruthenium. The 
thermodynamic equilibrium potential for Ru(VIII) formation increases with a lower pH at the 
potentials for the experiment [39]. 
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Figure 3. Polarisation curves in an electrolyte of x M NaCl + (5-x)M NaClO3, 3 g/L Na2Cr2O7 at pH 1 
and pH 2, and 70±1°C (0 ≤ x ≥ 5) 
 
Data in Figure 3 allowed an evaluation of the apparent reaction order with respect to chloride to 
be made. The apparent reaction order with respect to chloride at pH 1 and pH 2 are shown in 
Figure 4. In the figure the results from pH 1 and 2 are compared with the results of Cornell et al. 
[16] at pH 6.5. The reaction order was between 1 and 1.6 for pH 1 and pH 2, with a higher 
reaction order at lower potentials, which then decreased with increasing potential. At lower 
potentials there was a difference between the apparent reaction order with respect to chloride at 
pH 6.5 compared to the more acidic pHs. This was expected since the dominating reaction at 
these potentials is oxygen evolution for pH 6.5, and not chloride oxidation as for pH 1 and 2. 
While the potential was increased, the influence of oxygen evolution lessened and the reaction 
orders for all pHs approached the same value. The higher the potential was, the closer the 
apparent reaction order was to 1.0. This agreed with the reaction order above the critical potential 
at pH 6.5 [16], and with the reaction order found by others [40].  
 
Eberil [17] et al. have shown that oxygen evolution increases above Ecr, but did not investigate the 
reaction order for Cl- oxidation. Oxygen evolution above Ecr would presumably affect the 
apparent reaction order with respect to chloride. However, this could not be seen in present 
experiments. The reason for this could be that the current efficiency for oxygen evolution is still 
very low at these potentials. 
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The apparent activation enthalpy was derived from the polarisation curves in Figure 5 according 
to the theory in Ref. 42, assuming that the liquid junction potential was independent of 
temperature. 
 
Generally the rate of an anodic reaction can be expressed as 
 

n
Raa Ckv =      (32) 

 
where ka is a potential dependent rate constant for the reaction, is the concentration of 
species to be oxidised and n is the reaction order. For electrochemical reactions the rate of 
reaction is proportional to the current density. As for chemical reactions the rate constant for the 
anodic reaction can be written in terms of the Arrhenius equation 

RC

 

⎟
⎠
⎞

⎜
⎝
⎛ ∆
−=

RT
EHPk a

aa
)(exp     (33) 

 
where Pa is a constant assumed to be independent of temperature and electrode potential and 
∆Ha is the activation enthalpy of oxidation. The activation enthalpy for an anodic reaction can, in 
an approximation, be expressed as 
 

FEHH aaa α−∆=∆ 0     (34) 
 
where  and αa are assumed to be independent of temperature and potential. By using 
Eq. 32-34, and assuming that the surface concentration is independent of potential and 
temperature, an expression for the anodic current density can be derived. 

0
aH∆

 

⎟⎟
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⎝

⎛ −∆
−′=

RT
FEHki aa
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α0

exp    (35) 

 
At high potentials, as in these experiments, the total current density, i, is equal to the anodic 
current density and the cathodic current can be neglected. By plotting log(i) vs 1/T at a constant 
potential, the activation enthalpy, , could be derived from the slope of the curve (Eq. 36).  aH∆
 

RT
Hki a

a
∆

−′=
10ln
1loglog     (36) 

 
Since the values at all potentials were more or less a mixture of the activation energies for 
oxygen evolution and chloride oxidation, the enthalpy derived through Eq. 36 was called the 
apparent activation enthalpy. In Figure 6, the apparent activation enthalpy is shown as a function 
of potential. The apparent activation enthalpies (approximately 35-55 kJ/mole) were of the same 
order of magnitude as those found by Aromaa [43] on RuO2 electrodes of different composition. 
He did his experiments in sodium chloride electrolyte at pH 2 and calculated enthalpies of 
activation to about 20-65 kJ/mole for potentials between 1.0-1.20 V vs SCE (corresponding to 
1.05-1.25 V vs Ag/AgCl). Figure 6 shows two linear regions, one at potentials between 
approximately 1 and 1.1 V vs Ag/AgCl and one between approximately 1.17 and 1.25 V vs 
Ag/AgCl. The two regions could be related to the regions dominated by oxygen evolution, at 
lower potentials, and by chlorine evolution at higher potentials. Between those regions both 

aH∆
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oxygen and chlorine are evolved. Fitting straight lines to the two regions gave a slope of 
188 kJ/(mol V) for the lower potentials and a slope of 147 kJ/(mol V) for the higher potentials.  
 
According to Eq. 34,  decreases linearly with the potential. Plotting the apparent reaction 
enthalpy vs. the potential as in Figure 6 would then give a slope of αaF. The linear relation was, as 
earlier mentioned, only seen in the regions where a single reaction dominated (oxygen evolution 
or chloride oxidation). The αa values calculated from the slopes of Figure 6 would according to 
Eq. 37 correspond to a Tafel slope of approximately 35 mV for lower potentials (oxygen 
evolution) and a Tafel slope of approximately 45 mV for higher potentials (chloride oxidation), at 
70 °C.  

aH∆

 

F
RT

aα
⋅

=
10lnslope Tafel     (37) 

 
These Tafel slopes were compared to the slopes of the curves in Figure 1 and Figure 5 and to 
Tafel slopes for oxygen evolution and chloride oxidation found in literature. At lower potentials, 
mass transport of hydroxide ions influenced the current density for oxygen evolution, which 
meant that the concentration of reacting species at the anode surface at a constant potential was 
not the same for all temperatures. The Tafel slope calculated from the αa values extracted from 
the slope in Figure 6, may therefore disagree with the Tafel slopes for oxygen evolution found in 
the literature. For oxygen evolution Trasatti [44] found that most studies showed a Tafel slope of 
40 mV on RuO2 electrodes. On RuO2/TiO2 anodes Tafel slopes between 35 mV [45] and 66 mV 
[46] in acid solutions and 30 mV and 50 mV in alkaline solutions [47,36,48] have been found.  
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Figure 6. Apparent activation enthalpy for electrolysis in chlorate electrolyte as a function of potential. Straight 
lines are fitted to the regions where oxygen evolution (lower potentials) and chlorine evolution (higher potentials) are 
assumed to take place. Chlorate electrolyte concentration 550 g/l NaClO3, 110 g/l NaCl, 3 g/l Na2Cr2O7 at 
pH 6.5.  
 
 
As mentioned above the value of αa for chloride oxidation derived from the enthalpy data in 
Figure 6 correspond to a Tafel slope of 45 mV/decade of current. The polarisation curve at 
70 °C in Figure 5, showed a slope of approximately 60 mV in the potential range 
1.16-1.20 V vs Ag/AgCl. However, this value was not easily estimated for the short linear part of 
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the polarisation curve where chloride oxidation dominates and there is also an influence of 
oxygen evolution on the slope. The Tafel slope for chloride oxidation at pH 2 (Figure 1) was 
easier to determine, since oxygen evolution had minor influence at that pH and there was a 
constant slope ranging over at least two decades of current. The polarisation curves in Figure 1 
had Tafel slopes of approximately 40 mV, independent of chloride concentration. This agrees 
with most studies on chloride oxidation, which according to Trasatti [40] have found Tafel slopes 
of 28-40 mV slopes on oxide electrodes.  
 
At potentials higher than Ecr, the slope of the polarisation curve in Figure 5 increased even 
though the value of αa calculated from Figure 6 was constant. This indicated that the mechanism 
for the bending of the curve was much less temperature dependent than the chloride oxidation 
reaction and that the chloride oxidation reaction did not change mechanism at potentials above 
Ecr. The theory, that the mechanism of the chloride oxidation reaction remains when increasing 
the potential above Ecr, is supported by the fact that the apparent reaction order with respect to 
chloride was close to one also at potentials higher than Ecr. 
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Figure 7. The percentage of active sites left was calculated by dividing the real current by the, from the Tafel slope 
extrapolated, current. Data for the plot is taken from a polarisation curve recorded in an electrolyte of  
2 M NaCl + 3M NaClO3 at pH 2 (Figure 1). 
 
The higher slopes of the polarisation curves at potentials above Ecr could be an effect of a 
reduction in the number of active sites.  If Ecr, as earlier mentioned, is assumed to be related to 
oxidation of ruthenium, then the oxidation could be the reason for the deactivation. The oxidized 
sites may be less catalytically active for chloride and water oxidation. The reduction in the 
number of active sites was approximated from the polarisation curves in Figure 1, by 
extrapolating the constant Tafel slope found for potentials below Ecr and assuming that to 
express the current for which no deactivation of sites had taken place. The percentage of active 
sites left was calculated by dividing the real current by the current extrapolated from the Tafel 
slope. The result of the calculation, based on the polarisation curve recorded in an electrolyte of 
concentration 2M NaCl + 3M NaClO3 at pH 2, is shown in Figure 7. The oxidation would, 
according to Figure 7, be potential dependent, perhaps because some of the active sites would be 
more sensitive to potential increases while other would require higher potentials to oxidize. If the 
chloride oxidation would have the same mechanism at potentials higher than Ecr, the current 
density would increase at the active sites left and thereby increase the potential. Further work 
would be necessary to verify the theory of the deactivation as the reason for the bend to higher 
Tafel slopes at Ecr. 
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4.2 A Model for Oxygen Evolution in pH Neutral 
Electrolyte 

4.2.1 Model Results 
Simulations of polarisation curves for oxygen evolution in 5 M NaClO4 at 70 °C made for two 
pHs, pH 7.5 and pH 10, are presented in Figure 8. The kinetics for the electrode reactions were 
taken from experiments on a ruthenium based DSA. These two pHs were chosen, since both 
curves were affected by addition of chromate (3 g/L Na2Cr2O7, which corresponds to 22.9 mM 
(CrO4

2- + HCrO4
-)), but the effect appeared differently for both curves. As will be shown below 

(Figure 9), the curves were in good agreement with experiments using realistic parameters.  

 
Figure 8. Simulated polarisation curves in 5M NaClO4, at 70 °C and pH 7.5 and pH 10, with and without 
chromate addition, 3000 rpm: (a) pH 7.5, 0 g/L Na2Cr2O7; (b) pH 7, 3 g/L Na2Cr2O7; (c) pH 10, 0 g/L 
Na2Cr2O7; (d) pH 10, 3 g/L Na2Cr2O7. 
 
Two regions can be observed, one pH-dependent at lower current densities (related to oxygen 
evolution from OH-, reaction 10) and one independent of pH at higher current densities (related 
to oxygen evolution from water, reaction 9). The connection between the two regions is a 
limiting current, due to transport limitation of OH-. The limiting current was clearly affected by 
addition of chromate, and the largest relative effect was seen for pH 7.5. With chromate present, 
the limiting current for pH 7.5 increases by approximately 100 times. The limiting current plateau 
is somewhat distorted for the chromate free electrolyte (curve a), and it appears as if the curve 
bends twice in the limiting current region. For bulk pH 10, chromate does not affect the limiting 
current immediately, but higher up on the limiting current plateau an effect is seen. There, at 
about 0.9 V vs Ag/AgCl, an increase in the current is observed and a second plateau is reached. 
In the low current density region for oxygen evolution from chromate containing pH 10 
electrolyte a straight Tafel slope can be seen (Figure 8), whereas for chromate containing pH 7.5 
electrolyte the shape of the polarisation curve is slightly curved (between approximately 0.75 and 
0.9 V vs Ag/AgCl).  
 
The reason for the increase in limiting current when chromate is added should be explained by 
plotting the surface concentration of OH-. It is seen from Eq. 25 that the current density is 
dependent on OH- concentration and potential. At constant potential, the increase in limiting 
current at addition of chromate must therefore arise because the surface concentration of OH- 
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increases. In Figure 9, pOH (-log cOH) at the anode surface is plotted as a function of potential. 
As expected, at potentials for the limiting currents, at bulk pH 7.5, pOH is higher (OH- 
concentration is lower) for chromate free than for chromate containing electrolyte. Not until the 
overlimiting current (oxygen evolution from water) is reached for the chromate free case as the 
pOH values start to approach each other. For bulk pH 10, the effect of chromate addition on 
pOH at the anode surface is not as obvious, but is seen above approximately 0.9 V. At these 
potentials the chromate presence results in a higher concentration of OH- (lower pOH) at the 
electrode surface. 
  
As presented in Figure 9, pOH for bulk pH 10 starts to deviate from its bulk value just above 
0.6 V, which corresponds to the potential where the polarisation curve starts to bend. At 0.7 V, 
pOH decreases linearly with increasing potential. Here, the first limiting current plateau is 
reached. Up to this potential there is no difference in OH- concentration at the surface for 
chromate free and chromate containing electrolyte. However, the difference is (as mentioned 
above) seen higher up on the first limiting current plateau (at approximately 0.9 V), where the 
current for the chromate containing electrolyte starts to increase again.  
 
Figure 9 also shows that for chromate-containing electrolyte at pH 7.5, the OH- concentration 
starts to deviate from its bulk value between 0.75 and 0.9 V, and the deviation increases relatively 
slowly with increasing potential. The small decrease in OH- concentration at the anode surface 
causes a slight deviation from a straight Tafel slope, but the decrease is not enough to cause a 
limiting current. The limiting current appears at about 0.9-1.0 V, when the pOH deviates too 
much from the bulk value.  
 
The model also gives a picture of pH at the anode surface. In Figure 10, surface pH is plotted as 
a function of anode potential for bulk pH 7.5. Chromate addition increases pH at potentials 
above 0.7 V. In Figure 11, pH values and pOH values from Figure 9 and 10 are added together 
to show the deviation from equilibrium at the anode surface, for the water dissociation (reaction 
12). At equilibrium the sum of these values is equal to pKw (pKw=12.5 in the simulations). The 
sum of pOH and pH increases when the rate of OH- consumption in reaction 10 is too high 
(pOH increases). Above 0.8 V, the water dissociation is no longer in equilibrium, because of the 
rapid consumption of OH- (reaction 10). For chromate free electrolyte, the deviation from 
equilibrium is lower than for chromate containing electrolyte only in the limited potential region 
0.8-0.95 V. At these potentials the pOH increase is slower for chromate containing electrolyte 
compared to chromate free, due to the supply of OH- through the chromate buffering of 
reaction 14. At potentials above 0.95 V the chromate free polarisation curve approaches 
potentials where H+ is generated through oxygen evolution from water. This decreases pH at the 
anode surface and slows down the deviation from equilibrium. This is even more obvious for the 
chromate free case where the H+ production starts to affect the curve in Figure 11 at potentials 
above approximately 1.1 V. Above 1.2-1.3 V, pH+pOH at the anode is less dependent on 
chromate presence and the curve for chromate containing electrolyte approaches the chromate 
free curve. Despite the production of H+ the OH- concentration is still low enough to make the 
sum of pOH+pH >12.5 and increasing with increasing potential in the whole potential range.  
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Figure 9. pOH at the anode surface vs anode potential for bulk pH 7.5 and 10 (Data from simulation in 
Figure 8). With 3 g/L Na2Cr2O7 (black lines) and chromate free (grey lines).  
 
 
 
 

 
Figure 10. pH at the anode surface for bulk pH 7.5. With 3 g/L Na2Cr2O7 (black lines) and chromate free 
(grey lines) (Data from simulation in Figure 8) 
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Figure 11. Deviation from equilibrium for the water dissociation reaction (reaction 3). Simulation of pH+pOH 
at the anode surface during oxygen evolution in 5M NaClO4 electrolyte at 70 °C, bulk pH 7.5, 3000 rpm. 
With 3 g/L Na2Cr2O7 (black lines) and chromate free (grey lines) 
 
 
It is clear from the polarisation curves in Figure 8 and the plots of pOH at the anode surface in 
Figure 9, that chromate has an impact on the limiting current for oxygen evolution from OH- 
(reaction 10). This is because the chromate serves as a source of OH-, through reaction 14. CrO4

2- 
reacts with water to OH- and HCrO4

-. While the OH- ions, generated through the buffering, form 
oxygen at the electrode, HCrO4

- diffuses outwards in the bulk direction. At the higher OH- 
concentration further out from the surface HCrO4

- reacts back to CrO4
2-. In Figure 12, the 

concentration of CrO4
2- at the anode surface vs the anode potential is presented. For low 

potentials, both the pH 7.5 and pH 10 cases have bulk concentrations of CrO4
2-. Then, with 

increasing potential, the CrO4
2- surface concentration decreases and levels off to an almost 

constant value kept for about 200 mV, but decreases to eventually become depleted when even 
higher potentials are reached. For both bulk pHs mass transport limitations of CrO4

2-, indicated 
by a decrease from its bulk concentration, occur at 0.7-0.8 V. This leads to the curved shape of 
the polarisation curve in the low current density region for bulk pH 7.5. If the transport of CrO4

2- 
and the reaction rate of the buffering (reaction 14) had been infinitely high the buffering (reaction 
14) would have kept the OH- surface concentration at its bulk value. Now, when the transport of 
CrO4

2- is limited, OH- concentration decreases (also seen in Figure 9) and the polarisation curve 
loses its straight Tafel slope. For bulk pH 10, the CrO4

2- concentration remains constant even 
though the first limiting current plateau is reached. This is because at these potentials the OH- 
concentration at the surface is not low enough to activate reaction 14 to produce more OH-. 
Buffering reactions such as reaction 14 are most active at a pOH equal to the pKb for the 
reaction. In this case, it would be at pOH 6.6. Higher up on the first limiting current plateau for 
pH 10, when the surface pOH has increased to about 5-6 (at 0.85-0.9 V) CrO4

2- starts to 
decrease. This coincides with the increase in current, causing the difference between the limiting 
current of chromate free and the chromate containing cases (in Figure 8, curves c and d). The 
decrease of CrO4

2- indicates that OH- as well as HCrO4
- are produced by reaction 14, but it also 

indicates that the transport of CrO4
2- is mass transport limited.  

 
The concentration, to which the decrease in CrO4

2- levels off (1-1.2 V), depends on the rate 
constants of the buffering reaction, higher rate constants giving a lower CrO4

2- concentration. 
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The potentials at which the levelling off occurs coincide with the potentials corresponding to the 
limiting current for chromate containing electrolytes (cf. Figure 8). The concentration of CrO4

2- 
becomes zero, at the overlimiting current (oxygen evolution from water). There, the formation 
rate of OH- by water dissociation is slowed down by the production of H+ in the OER from 
water (reaction 9). The low OH- concentration slows down the backward reaction of reaction 14, 
leading to a higher rate of consumption of CrO4

2-. The higher consumption rate eventually causes 
the depletion of CrO4

2- at the anode surface. 
 
As mentioned earlier, the limiting current for oxygen evolution at pH 7.5 in chromate free 
electrolyte appears to bend twice. It is reminiscent of the two limiting currents seen for chromate 
containing pH 10 electrolyte, but is less evident. The first bend of the polarisation curve is as for 
pH 10 electrolyte attributed to the transport limitations of OH- from the bulk. Then, as water 
dissociation starts to supply OH- to the OER, the current increases. The second limiting current 
arises from the reaction rate limitation of the water dissociation. For a lower dissociation rate for 
water, simulations show that the second bend would not appear. At a higher bulk concentration 
of OH-, such as pH 10, the transport rate of OH- is considerably higher than the dissociation of 
water and this phenomenon is not seen. 
 
To summarise, the limiting current occurs because the concentration of OH- decreases to a value 
too far below its bulk value. This happens of different reasons, depending on the pH of the bulk 
electrolyte, and if it contains a buffer/weak base (such as chromate). For chromate free 
electrolyte at bulk pH 7.5 the rate of the water dissociation (reaction 12) is limiting, while in 
chromate containing electrolyte (pH 7.5 and pH 10) the rate of the buffering (reaction 14) in 
combination of transport of CrO4

2- determines the limiting current. At bulk pH 10, when no 
chromate is added, the limiting current appears because of mass transport limitations of OH- 
from the bulk. 
 

 
Figure 12. Surface concentration of chromate species vs anode potential for different bulk pHs: (a) CrO4

2-, pH 
7.5; (b) HCrO4

-, pH 7.5; (c) CrO4
2-, pH 10, (d) HCrO4

-, pH 10. 
 

4.2.2 Concentration Profiles 
The model predicted the concentration profiles of H+ and OH- during oxygen evolution in 
chromate free electrolyte, and with chromate present also the concentration profiles of CrO4

2- 
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and HCrO4
-. Figures 13 and 14 present the concentration profiles at the limiting current for 

chromate containing pH 7.5 electrolyte. Figure 13 shows the profiles in the whole diffusion layer, 
while Figure 14 is a magnification of the area close to the anode. As shown in Figure 14, the OH- 
concentration drops close to the anode surface, at the same distance from the anode as the CrO4

- 
concentration levels out. In this very thin layer (some orders of magnitude thinner than the 
diffusion layer), defined by Albery [49] as the reaction layer, reaction 14 produces OH- and 
HCrO4

-. The steep OH- gradient appears at chromate-buffered limiting currents (seen for pH 7.5 
and at the second limiting current plateau for pH 10) and at the limiting currents arising when 
water dissociation is limiting (seen for chromate free electrolyte at pH 7.5). In these cases the 
CrO4

2- and water respectively serve as sources for OH- close to the anode. The reaction layer 
develops when the transport of OH- from the bulk becomes limited, and when OH- ions 
generated by chromate buffering (reaction14) or water dissociation (reaction 12) diffuse faster 
towards the anode surface than they recombine with HCrO4

- or H+ respectively. When chromate 
is added to the electrolyte water dissociation loses it impact on the  limiting current and the major 
OH- supplier is CrO4

2-. This is because the reaction rate of the chromate buffering reaction is 
higher than that of water dissociation. 
 
The impact of buffer on oxygen evolution from OH- can be seen as analogous to the system 
modelled by Albery [49], in which a weak acid affects the limiting current for hydrogen evolution 
from H+. He assumed the transport to occur only by diffusion, the reaction rate for the weak 
base to be rate determining for the hydrogen evolving reaction and the concentration of H+ to be 
zero on the anode at limiting current. If limiting currents were experimentally measured, he could 
approximate the rate constants for the base equilibrium. From his model the thickness for the 
reaction layer, at certain conditions, was approximated to 1 nm, which is in the same range as the 
reaction layers from the model in this study. The model of this study gives additional information 
about the concentration profiles of the different species and concentrations at the anode surface. 
 
The impact of chromate on the diffusion layer thickness is minor before the limiting current, but 
as the overlimiting current is reached (oxygen evolution from H2O) chromate presence decreases 
the thickness significantly. At 1.4 V vs Ag/AgCl, chromate decreases its thickness by half.  
 
 

 
Figure 13. Normalised concentration profiles for H+, OH-, CrO4

2- and HCrO4
- during oxygen evolution in 5M 

NaClO4, pH 7.5,  3 g/l Na2Cr2O7, 70 °C, 3000 rpm. At 1.1 V vs Ag/AgCl . 
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Figure 14. Concentration profiles of CrO4

2- and OH- in the very thin reaction layer close to the anode (bulk pH 
7.5, 3 g/l Na2Cr2O7, 70 °C, 3000 rpm, 1.1 V vs Ag/AgCl, 5 M NaClO4). 
 

4.2.3 Verification of Model by Experiments 
In Figure 15, experimental polarisation curves are compared with simulated ones. As in the 
simulations, the experimental curves show the increase in limiting currents due to chromate 
addition. At bulk pH 10, the second limiting current plateau is clearly seen in the experiments, 
but appears at a higher potential for the experiments than for the simulations. A better agreement 
would be obtained if pKb for the chromate reaction (reaction 14) was increased from 6.6 to 7.2. 
Then, reaction 14 would be activated at a lower OH- concentration, obtained higher up on the 
first limiting current plateau. As a consequence, the second limiting current would be reached at a 
higher potential. Furthermore, the curved shape of the simulated pH 7.3 polarisation curve, 
between 0.75 and 0.9 V vs Ag/AgCl, is found in the experiments. However, the simulated 
curvature would fit even better to the experimental if a pKb of 7.2 was used. A disagreement 
between simulations and experiments appears at the limiting current plateau for oxygen evolution 
from chromate free electrolyte at pH 7.6. The experiment shows a higher limiting current than 
the simulation does. This may be attributed to the difficulties in pH determination in 
non-buffered solutions.  
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Figure 15. Simulated polarisation curves (1) and experimental polarisation curves (2), 5M NaClO4, 70 °C, 
3000 rpm, ruthenium based DSA. (a) pH 7.6, chromate free; (b) pH 7.3, 3 g/L Na2Cr2O7; (c) pH 10, 
chromate free; (d) pH 10, 3 g/L Na2Cr2O7. 
 
Oxygen evolution on oxide electrodes is a well studied reaction in acid and alkaline electrolytes 
[50], but for neutral electrolytes few studies have been made [51,52]. Burke et al. [51] and 
Kokoulina et al. [52] investigated the pH dependence of the OER on ruthenium dioxide 
electrodes. In both studies, the measurements were carried out in a wide pH range; from acidic to 
alkaline electrolytes. They found that for lower current densities, neither the overpotential for 
oxygen evolution nor the Tafel slopes of the polarisation curves varied with pH of the bulk 
solution. For higher potentials both studies showed increasing slopes of the polarisation curves 
for all pHs. Burke et al. implied that the increase of the slope was higher for more diluted acids or 
bases, and suggested mechanisms for the OER. Kokoulina et al. did not propose any mechanism 
for the reaction, but suggested the increasing slope to relate to the oxidation of RuO2 at higher 
potentials. The polarisation curves of this study agree with the polarisation curves of Burke et al. 
and Kokoulina et al., even though their measurements seem to be terminated at a potential just 
above the bending to the limiting current. Their polarisation curves therefore appeared to bend 
randomly to higher Tafel slopes, at higher potentials. Their use of buffers in some of the 
solutions also made it difficult for them to relate bulk pH to the bending of the polarisation 
curve. As this study shows, an electrolyte at low pH with a buffer present can have a higher 
limiting current than a buffer free electrolyte with a higher pH. 
 

4.2.4 Nature of the Chromate Reaction 
The model took one chromate reaction, reaction 14, into account. The rate constant of the 
forward reaction, , was varied until the simulated polarisation curves fitted the experimental 

(bulk pH 7.5 and 10). The rate constant of the backward reaction, , was calculated from the 
equilibrium constant as explained above.  

14
fk

14
bk

 
Reaction 15, in which H+ is consumed, was also considered as a possible buffer reaction in the 
system. However, simulations showed that if this reaction alone were responsible for the 
buffering, the rate of water dissociation (reaction 12) would have to be increased considerably in 
order to be rate-determining. Reaction 14, produces no OH-, but can shift the water dissociation 
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reaction to produce OH- by consumption of H+ and thereby increase the limiting current. If the 
rate of the water dissociation was increased about 1000 times its value in Table 1, the simulated 
polarisation curves in chromate containing electrolyte fitted the experimental curves tolerably. 
But for the chromate free cases, this high water dissociation rate resulted in limiting current 
densities too high to fit the experimentally measured curves. Therefore, it was concluded that the 
buffering was mainly represented by reaction 14. 

4.2.5 Impact of Chromate on Oxygen Evolution in Chlorate 
Production 

In the chlorate process oxygen evolution is, as earlier mentioned, one of the most important side 
reactions. The effect of chromate addition is the subject of some controversy. Experimentally, 
Jaksic et al. found that presence of chromate in chlorate electrolyte increased the oxygen content 
in the cell gas [53]. Other studies have shown contradicting results [54]. Hardee et al. pointed out 
that changes in the percentage of oxygen in the cell gas could be an effect of changes in other 
parameters of the system e.g. current efficiency of the cathode, which would affect the cathodic 
contribution to the total gas flow [8]. 
 
It is therefore desirable to be able to use the results of this study to better understand the factors 
behind OER as parasitic side reaction, not least the effect of chromate. A typical operating point 
of a chlorate anode is 3 kA m-2 at 1.2 V vs Ag/AgCl [15]. Our simulations, under conditions of 
similar bulk pH and chromate concentration, show that the current density for oxygen evolution 
would be approximately 0.1 kA m-2, which corresponds about 3% of the total current. At this 
point the current density is limited by the arrival of hydroxide ions formed from chromate in the 
reaction layer, and thus the OER increases linearly with chromate concentration.  
 
It should be noted though that the partial current density of OER in the chlorate electrolyte 
cannot be assumed to be identical to that obtained in the electrolyte of this study; the 
concentration profiles of chromate, hydroxide and hydrogen ions will certainly be affected by the 
hydrolysis of chlorine present in the chlorate process. This hydrolysis process has acidifying 
effects, but it is also buffering at a neutral pH [55]. To be able to make a more accurate 
prediction of the oxygen evolving current, chloride oxidation as well as chlorine hydrolysis have 
to be included in the model. However, it seems reasonable that the oxygen promoting function 
of chromate should be valid even under those conditions.  
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5. CONCLUSIONS 

5.1 The Critical Potential 
 
The study of the impact of different electrolyte parameters on the critical anode potential in 
chlorate production (Paper I) aimed to understand how the chlorate process has to be run to 
avoid exceeding Ecr. Even though changing an electrolyte parameter would not directly affect Ecr, 
it could by increasing the anode potential lead to Ecr being reached at lower current densities. As 
a result, the chlorate process would be forced to operate at lower production rates to avoid 
exceeding Ecr. 
 
The theory that Ecr is related to oxidation of ruthenium was supported by the higher potentials of 
Ecr for pH 1 than for pH 2. The thermodynamic equilibrium potential for Ru(VIII) formation 
increases with a decreasing pH at the potentials for the experiment [39]. 
 
The apparent reaction order with respect to chloride at pH 1 and pH 2 is between 1 and 1.6. Also 
at higher potentials, above Ecr, the reaction order is about 1. 
 
Ecr increases with decreased temperature. The advantage of the increase in Ecr is however 
outweighed by an increase in anode overpotential. As the process is operated at a constant 
current the risk of exceeding Ecr is actually lowered when operating at higher temperature. 
 
It is likely that the mechanism for chloride oxidation is the same for potentials below Ecr as well 
as for potentials above Ecr. This is based on the fact that the apparent reaction order as well as αa 
seem to be of the same values even at potentials higher than Ecr. The reason for the higher slope 
of the polarisation curve could then be a potential dependent deactivation of the active sites. 
Deactivation of active ruthenium sites could occur if ruthenium in a higher oxidation state were 
inactive for chloride oxidation. 
 
In Paper I, the effect of impurities (sulfate, phosphate, silicate, fluoride) known to have a long 
term effect on the anode performance, was investigated. It was shown that these impurities do 
not have significant impact on the anode potential during short term tests. An addition of 30 g/l 
Na2SO4 to chlorate electrolyte causes an increased anode potential. SiO2 corresponding to 
100 ppm Si gives no immediate influence on the potential, but after 2 hours of galvanostatic 
operation in impure electrolyte the anode potential decreases. However, the resistance against 
impurities of the ruthenium based DSAs does not necessarily mean that the impurities would not 
cause damage to the anode in a long term perspective. Industrial chlorate cells have to be 
operated with care when there are impurities present in the electrolyte, since the high current 
densities normal for operation could lead to potentials above Ecr. 

5.2 Mass Transport Modelling for the OER under Chlorate 
Condition 

In this work (Paper II) the complex interplay between the acidifying electrode reactions for 
oxygen evolution, mass transport and homogeneous reactions has been modelled. It has been 
done for conditions similar to those in the chlorate process (high ionic strength, 70 °C, chromate 
containing electrolyte, DSA electrode), in which one of the possible side reactions is 
electrochemical oxidation of water. In the literature, studies on oxygen evolution from pH neutral 
electrolytes are scarce. This work contributes to a better understanding of the role of 
pH-affecting homogeneous reactions and mass transport in an oxygen evolving system.  
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The model of this work predicted the concentration gradients of H+, OH-, CrO4
2- and HCrO4

- 
during oxygen evolution on a RDE. The pH dependent currents at varying potentials calculated 
by the model were verified in experiments. Experiments as well as simulations showed a limiting 
current for oxygen evolution from OH-. This limiting current was found to increase when a 
chromate buffer was added to the electrolyte, and the most significant increase was seen for 
electrolytes with bulk pOH close to pKb for the buffer. The simulations showed that the 
chromate buffer increases the anode surface concentration of OH-. It was found that an 
important part of the buffering effect at the limiting current occurs in a very thin (in the order of 
nanometers) reaction layer at the anode surface, where OH- is produced by reaction of CrO4

2- 
and water. It was also found that in chromate free electrolytes at the limiting current, the water 
dissociation reaction has a similar role of a buffer/weak base for bulk pHs of approximately 7.5 
and lower. This is when the transport rate of OH- from the bulk is lower than the dissociation 
rate of water to OH- and H+. It could be seen from the simulation results that the water 
dissociation reaction is not in equilibrium at the anode, thus the sum of pH and pOH is not equal 
to pKw. Disequilibrium is also found in the outer part of the diffusion layer, where the H+ ions in 
excess react with OH-. The addition of chromate buffer not only affects the limiting current for 
oxygen evolution, but also decreases the thickness of the diffusion layer at the overlimiting 
current. The most likely reaction for the chromate buffering in the investigated system is CrO4

2- 
reacting with water to HCrO4

- and OH-, rather than CrO4
2- and H+ forming HCrO4

-. 
 
Our simulations, under conditions similar to those in the chlorate process regarding bulk pH and 
chromate concentration, show that the current density for oxygen evolution would be 
approximately 0.1 kA m-2, which corresponds to about 3% of the total current in chlorate 
production. At the typical operating potential for the chlorate anode (1.2 V vs Ag/AgCl) the 
current density for oxygen evolution is limited by the arrival hydroxide ions formed from 
chromate in the reaction layer, and thus the OER would increase linearly with chromate 
concentration. However, a more accurate prediction of the oxygen evolving current in chlorate 
electrolysis would require chloride oxidation as well as chlorine hydrolysis to be included in the 
model. 
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