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The electrochemical preparation of ferrate by the anodic dissolution of iron and its alloys
in concentrated sodium hydroxide has been reinvestigated. It has been shown that the
current efficiency for ferrate formation can be improved significantly by (a) the use of a
three dimensional iron anode and (b) the choice of an iron alloy with a high carbon
content. Ferrate (VI) was produced by anodic dissolution of an iron wool anode in 10 M
NaOH in a membrane flow cell. It was shown that using a current density of 18 mA cm™,

the current efficiency could be as high as 60 % but 1t usually dropped to = 25 % durmng
an extended electrolysis. The reason for this change m current efficiency was mvestigated
using voltammetric techniques and it is proposed that the ratio of oxygen
evolution/ferrate production is sensitive to the composition, structure or thickness of the
iron oxide/hydroxide layer on the anode surface. Periodic current reversal overcomes this
loss m current efficiency to some extent. The influence of sodium hydroxide
concentration and temperature on the electrolyses were also investigated. Voltammetric
methods have also been used to define the influence of the composition of the anode on
the transpassive dissolution of the iron and its alloys. It was concluded that the carbon

content of the steel was critical and this was also demonstrated by preparative
~ electrolyses at flat plate anodes.

Ferrate may have applications as a water treatment chemical and experiments were
carried out to define the ways in which it could be employed. Hence, the kinetics of the
reaction of ferrate (VI) with water, aliphatic alcohols and phenol have been investigated.
It has been shown that the ferrate (VI) ion exhibits good stability at 298 K m aqueous 10
M NaOH solution, having a half life of approximately one month. The stability of the 1on
was found to be strongly dependent on temperature with the decomposition occurring
1000 times faster when the temperature was raised to 333 K. The NaOH concentration
also determines the life time of the ion in solution; in 1 M NaOH, the half life of the 10n
was only 7 minutes and the mechanism of decomposition had changed. Ferrate can,
however, be added as a solid to polluted water whereupon it will react selectively with
the organics. The kinetics of the reactions of ferrate (VI) were also studied in 10 M
NaOH; commonly, the reactions are very fast compared to that with water. Moreover,
with it was shown that some organics (methanol, ethanediol and phenol) undergo
complete oxidation to CO, and H,0. Other organics appear to undergo only partial
oxidation although these results may be distorted by adsorption of the organics on the
Fe(OH); precipitate formed during the reaction.
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List of symbols.

Symbol  Definition. Typical units.
— et

Ag Electroactive area per unit electrode volume cm’”

C Concentration of electroactive species in the bulk solution mol dm™

C Concentration mol dm™

D Diffusion coefficient cm’ s

E. Equilibrium electrode potential V

Ein Half wave potential V

E.” Equilibrium cathode potential V

ES Equilibrium anode potential \Y

E.’ Standard electrode potential \Y

| ST Cell potential \Y

Ea Anode potential \Y

Ec Cathode potential \Y

F Faraday constant A s mol”

AG Gibbs free energy change J mol

i Current mA

1. Limiting current mA

Tp Peak current density mA cm™

JL Limiting current density mA cm™

k Rate constant for a first order chemical process s

K, Mass transport coefficient cm s’

m Number of moles of electroactive species mo]

M Molar mass g mol”

n Number of electrons Dimensionless

q Total electrical charge As

R Electrical resistance E‘ @)

Regrp Cell resistance Q)



Rereurt

]

Resistance of electrical circuit Q

Time S
Temperature K
Volume cm’
Electrode volume cm’
Distance, thickness or penetration cm

Greek
Overpotential V
Overpotential at cathode \Y
Overpotential at anode A%
Viscosity gem’ s
Absolute viscosity Dimensionless
Kinematic viscosity cm’ s™
Current efficiency Dimensionless
Absolute potential at electrode surface \Y
Absolute potential of bulk solution phase V

Angular rotation rate of disc S
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Chapter 1

Introduction.

1.1 Treatment of industrial wastewater effluent.

Over the last decade there has been an ever increasing public demand for greater
protection of the environment. This has prompted the govemment to bring mto effect
strict legislation goveming the discharge of waste into the environment. High fines and
bad publicity have placed the chemical and other related industries in the position where
they face the dilemma of trying to maintain a growth in productivity while adhering to
the strict government guidelines. Being continually responsible for their waste, most of
which is placed back into the environment, (waste water into the sea, rivers or lakes and
solids in landfill sites), has caused many industries to search for better and more cost
effective methods of waste disposal. Indeed a long term aim must be to recycle a]l. water
and chemicals back into the process streams, but this also requires treatment of such
streams to prevent the build-up of impurities.

Wastewater generally undergoes several physical processes (see figure 1.1)
before it can be discharged. The first step is to allow large particles to settle out in tanks
before the microstraining process can commence. Microstraining uses filters made of
stainless steel with pore size of between 60 and 70 pm and as the larger particles are
collected so the pore size is reduced to around 10um allowing the removal of the smaller
matter such as bacterial cells.! ']

The next step is the flash mixing process where a coagulant is added to the
effluent. The most common coagulant used in this process is still alum although, as
aluminium is toxic to fish life, there has been some trend towards using less toxic ferric
salts instead.'’” During the flash mixing process lime is added to alter the pH to between
10.5 and 11.5 This will precipitate out metal ions especially calcium and magnesium as

the insoluble hydroxide species. The removal of calcium and magnesium is important if



the water is to be recycled back into the plant as the mineral deposits coat the surface of
hot water systems, blocking pipes and reducing heating efficiency.

After the flash mixing, the water is transferred to a clarifier where flocculation
takes place. The flocculation process causes the coagulation agent to coalesce absorbing
dissolved organic species on its surface.! > > *> 1 Alum has been shown to be 20% more
efficient at removing organics than the ferric oxy-hydroxide,”! although the ferric oxy-
hydroxide can remove phosphorous compounds with up to 90% efliciency. Break point
chlorination at this stage is used to oxidise any soluble heavy metal ions causing them to
precipitate out and be trapped in the colloidal suspension. The sludge 1s then collected
and the water 1s passed through a series of activated carbon filters where it is neutralised
by passing CO,. The used carbon is then recycled and the water passes to the final stage

where disinfection takes place.
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Figure 1.1
Schematic diagram showing the physical processes involved

in the treatment of industrial waste.



1.2 Chemical disinfectants used for wastewater treatment.

1.2a Chlorine.

Chlorine is the most commonly used disinfectant employed for killing bacteria in
water. When added to water chlorine 1s rapidly hydrolysed to give hypochlorous acid.

This weak acid also dissociates to give hypochlorite.! >’

Cl, + H,O - H + CI' + HOCI

HOClI 5 H + OCI

Both the HOCI and the OCI species (known as the free available chlorine) are involved
in the disinfection process. Due to the risks involved in the transport of chlorine gas it is
becoming more common for water treatment facilities to generate the chlorine on site
electrochemically by oxidisation of NaCl or HCI' ” ® ! solutions using transition metal

oxide anodes.!”1?}

Anode reaction.
2CI' - 2¢ — Cl
Cathode reaction.

2H,0 + 4¢ - 20H + H, ( Brne electrolysis )

This method makes use of membrane cell technology, which has been the major
development making the small modular processes economically viable. In the case of
brine electrolysis, the electrolyte is made by addition of commercial NaCl ! °! as the
presence of Ca*" and Mgz; ions, for example present in sea water, damage the membrane
and therefore need to be removed before the electrolysis. There is a range of low tonnage
chlorine electrolyéers available on the market and depending on the demand they can

produce from 30 grams to a few kilograms per hour. ! °-*}



When the membrane is removed from these systems, hypochlorite is formed ir

situ by the reaction of the chlorine and the OH generated at the cathode.
CL, + 20H —» OClI' + H,0 + CI

Though hypochlorite is safer to handle than chlorine gas it contains less than 15 % by
weight of active chlorine. There are, however, problems inherent in these systems which
lowers the current efficiency for the process. At high flow rates or under turbulent flow
the mass transport of the hypochlorite to the electrodes becomes an important factor

which may result in its reduction at the cathode,
OClI' + H,O + 2¢ — CI' + 20H
or oxidation at the anode.
60CI' + 3H,0 - 6 — 2Cl0; + 4CI + 6H + 3/20;

At low concentration of NaCl, the current efficiency drops as oxygen evolution becomes
the prevalent reaction.

Transition metal oxides may also be used as anodes for the electrolysis of
hydrochloric acic, although graphite is used in most commercial cells.' ° ! These cells use
industrial grade HCl which is a cheap source of electrolyte,' ' 1 (more than 90 % is
produced as a by-product from chemicél manufacture) in 18 to 27 % concentrations.

Though there are advantages in using chlorine in the disinfection process there
are also major disadvantages which have resulted in the fall of chlorine production for
wastewater treatment. The main problem is the formation of toxic trihalomethanes from
nontoxic organic waste! ™ ' 1 This has given the incentive to find a more
environmentally acceptable alternative to chlorine. This has resulted in developing new
technologies, although they remain a long way from being able to replace chlomnne

completely.



1.2b Chlorine dioxide.

Chlorine dioxide is as effective a disinfectant as chlorine! '~ ' 1 but it has the
advantage that it does not form harmful trihalomethane, hypobromates or react with NH;
to give chlorinated amines. It is formed by the reaction of chlorine gas with solid sodium

chlorate.
2NaClO; + Cl, — 2ClO, + 2NaCl

The reduction of chlorate can also be carried out in strong acid solution where the
chlorate is converted to chloric acid. Suitable reducing agents include NaCl, HCl, SO,
and methanol. Chlorine dioxide can also be generated electrochemically by the

electroreduction of chlorate.! '®) The reaction is as follows.
- ClIOy + ¢ + 2H — ClO; + H,0 ES=115V
Its reactions as an oxidant are as follows.
ClO; + 4H  + 5¢ — CI' + 2H,0

Or,

ClO;, + e > Cl()z-

The production of chlorine dioxide must be carried out on site as it 1s an explosive gas

[17])

with the initiation and termination reactions occurring ' ** ' on the walls of the container.

The other problem with using chlorine dioxide is the formation of chlorate ions
which can get back into the water supply. When chlorine and chlorine dioxide are mixed

[17]

in equal amounts the chlorite ions are reoxidised to give chlorine dioxide making the

process more cost effective. It was hoped that the chlorine dioxide would oxidise any



organic species in solution before the chlorine, thus, helping to reduce the amount of
harmful chlorinated by-products. However, it has been shown that the chlorine reacts
more rapidly. Another problem is that chlorine dioxide fails to remove some micro-
organisms present in the suspended floc and thus they require removal by coagulation,

sedimentation and filtration before the disinfection process.

1.2¢ Ozone

In Europe ozone is beginning to emerge as an altenative to chlorine as a
disinfectant especially as it is more destructive to viruses.' ' ! In most applications ozone
is made in the gas phase. However, ozone can be generated on site electrochemically by
the oxidation of water with a fluoroboric acid electrolyte; (see figure 1.2). The anode 1s a

usually a fluorocarbon impregnated glassy carbon tube. The reaction is given below.>*°’

3H,0 > O; + 6H + 6¢ EL=207V

The competing reaction is the evolution of oxygen; to maintain suitable current
efficiencies the process is run at low temperature and high current densities. An air
cathode of the type used in fuel cells is used to reduce atmospheric oxygen and operates

at around 220 mA cm™.

The cathode reaction is

O, + 4H+ + 4e — 2H,0.

Another electrochemical method for the production of ozone is the use of solid
polymer electrolyte technology. Pure water is passed along the back of a porous three
dimensional anode, (see later), in contact with a solid polymer electrolyte, where the
oxidation of the water takes place. This method has the advantage that there are no ionic
contammants in the stream but management of the hydrogen formed by the cathode

reaction becomes a problem.



The half-life of ozone in water is about 20 minutes (though there is still some
controversy over the actual kinetics of ozone inactivation ! *' !). This is important as there
are some applications where it is undesirable to have residual ozone present in the
supply. Using ozone in conjunction with ultraviolet radiation it 1s possible to decompose

the trace ozone as well as any residual bacteria.! !
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Figure 2.2

A schematic representation of the I.C.I “ ECHO “ ozone generator-.

Ozone is a highly effective and competitive species for decolourising dyes by
oxidising the nitrogen in the azo groups to give nitrogen gas as well as forming nitrate
from nitro groups' 21, It has however recently been found that the reaction of ozone
with bromide ions results in the formation of bromate ions and hypobromate ! *°~ %1 by
the reactions.

O; + Br » O, + OBr

and



2053 + OBr — 20, + BrOy

Bromate is a carcinogen and the World Health Organisation has set a limit of 3ug/l for
drinking water. This is an alarming discovery because if the natural water contains any
bromide ions the bromate concentration will build up with time. This problem becomes

particularly acute in the treatment of seawater aquana.
1.3 Treatment of industrial effluent.

1.3a Biological effluent treatment.

With growing industrialisation, the need for puirification of moderate and highly
loaded industrial wastewater has resulted in the develpoment of high performance
aerobic biological reactors. The plants that have been developed for this pourpose are a
marked improvement on conventional plants ' *>°°! (described in section 1.1). The latest
development in this technology is the impinging loop system which shows a marked
increase in biomass degradation as well as exhibiting compact construction. The system
uses a membrane filtration unit to concentrate the biomass leaving the water free of sohd
matter and infectious organsims. In this system the wastewater is mixed with the aerobic
bacteria and fed into the system in a loop where it is fed with a flow of air. After the
aerobic bacteria digest the biomass material the wastewater i1s passed through a
membrane system. The pore size of the membrane is not large enough to let the bactena
cells pass and they collect with the sludge. These systems have a disadvantage over the
conventional methods of effluent treatment as the set up costs are higher and the cost of

the sludge removal higher.



1.3b Supercritical water.

Supercritical water has properties which are markedly different from normal
water.! >' ***] The dielectric constant of the water drops from 87.7 at 0°C to 6, at the
critical point (t. = 374°C and P = 22.1 MPa) and as the temperature increases the
dielectric constant falls further, therefore, the water ia able to dissolve organic
compounds that are normally hydrophobic.! *' | Oxygen gas is partially miscible in

132-36) This results in the oxidation of dissolved organic species with

supercritical water.
up to 99.9 % efficiency.

The problem with this procedure is that the system cannot handle inorganic
materials. The solubility of NaCl drops to 100 ppm at 450°C and that of CdCl; to 10
ppm. This has made the treatment of halogenated organic compounds difficult as they

form sticky solids which can block the system.
1.3¢ Electrochemical technology for effluent treatment.

The electrochemical treatment of industrial effluent is a more costly process than
the traditional method described in section 1.1 and 1.3a with the oxidation of organic
material requiring 4 electrons per carbon in the molecule. However, if the waste contains
pesticides or toxic material which may prove to be poisonous to the bacteria at work in
the sewage treatment plant, then electrochemical technology can be used to pretreat the
waste streams. Hence the common aim of an electrochemical process is to convert toxic
organic materials to biodegradable maferials with the minimum electricity. These
electrochemical techniques have definite advantages over the traditional methods as they
are able to convert heavy aromatic petroleum residues to humic acid and carboxylic acid
as well as reclaiming hydrochloric acid from  chlorinated organics. Metals can be
removed from effluent streams and deposited on the cathode while at the anode harmful
organic materials may be oxidised. Toxic substances can also be concentrated by

electrochemical methods before being treated. Oxidation of organic species in solution



can be achieved by either direct oxidation at the anode or by using a powerful oxidising

agent generated at the electrode surface.

(I) Direct oxidation,

In principle, fuel cell type anodes with preicous metal catalysts could be used for

(35, 36]

direct oxidation of organics. Although there is a substantial amount of literature
the oxidation of organics on platinum metals and there is evidence that the reaction
occours by a predissociation mechanism. The use of such technology is impossible
because there are two major problems that arise during the oxidation of small organic
molecules to CO..

1) The direct removal of an electron from an organic molecule in solution occurs
at high positive potentials. For the oxidation to occur close to the reversible potential
there must be a predissociation of the molecule giving rise to smaller fragments which

are more easily oxidised. In the example of methanol:
CH;0H — Haps + (CH>OH)aps

which is followed by further such reactions resulting in CHOH, CHO and CO being
adsorbed on the electrode surface. These reactions are found to be slow and limit the
current density on all the anode matenals tried.

2) Due to the nature of the anodic reaction some of the organic species can be
strongly adsorbed on the anode surface and act as poisons by reducing the number of
catalytic sites needed to carry out the desired reaction. For the oxidation of formic acid

on platinum there is a rapid decrease in activity due to the reaction:
Pt—COOH + HCOOH + 2Pt —» Ptz—CHO + CO, + H,O

The CHO acts as the poison. This is confirmed by the fact that if the surface is covered

with a sub-monolayer of lead; *>! (which breaks up the platinum surface, greatly reducing

10



the number of three adjacent platinum sites required to form the poison), the anode then
becomes an efficient catalyst for the oxidation of formate. Piersma and Gileadi' *' '
showed that on platinum anodes the oxidation of many organic species In agueous
solution occurred between 0.4 and 0.9 V vs NHE. When working within this potential
range the electrode quickly became passivated and increasing the potential only resulted
in a decrease in the rate of oxidation until oxygen evolution occoured. Even though the
cell current increased at very positive potentials there was no evidence that any organic
oxidation was occurring under these conditions. It is now widely accepted that the
oxidation reaction occurs via adsorbed oxygen species.

Though the oxidation of small organic molecules in fuel cells has been extensively
studied, there is an ever increasing amount of research describing oxidation of organic
species in wastewater effluent. Unlike the fuel cell reactions, these oxidation reactions
occoured at high positive potentials and initially it was thought that electrogenerated
oxygen was responsible for the oxidation reaction. The rate determining step for this
process 1s the anodic discharge of water to give hydroxide radicals close to or adsorbed
at the electrode surface. The mechanism can be represented as follows where AS[ ] is the

active site for the adsorption of the hydroxide radicals.! **}

AS[] + H,0 — AS[OH] + H" + ¢

AS[OH] + R = AS[]+ RO + H + ¢

There are several criteria that must be met if an electrode materal is to be used
successfully as an anode for the direct oxidation of organic waste in effluent streams. It
must have high chemical and electrochemical stability, high electrical conductivity and a
high oxygen overpotential. Though electrode materials such as platinum and other noble
metals exhibit all of these properties, but, they are very expensive and thus there is
considerable research into finding more efficient and cheaper alternatives.

[ 7, 38 )

There 1s extensive literature on the use of lead dioxide electrodes in

electrochemical incineration reactions. Lead dioxide electrodes used for the destruction

11



of organic waste are prepared by electrolytic deposition of thin Pb (IV)'’! films from
acldic solution. These thin film electrodes exhibit different properties from bulk lead
dioxide electrodes. The films are highly conductive with high oxygen overpotentials and
an extensively defective structure allowing the incorporation of foreign ionic or neutrals

1 3% ] ¢tudied the oxidation of several

species into the lattice. Chettiar and Watkinson
organic molecules found in coal residues at low concentration (1g/l) on lead dioxide
deposited on a graphite substrate. They found that the ease of oxidation under constant
current conditions was phenol > 2,3-xylenol > resorcinol > p-cresol > 3,4-xylenol
> o-cresol. Although the phenolic species were destroyed the by-products from the
reaction were quinones and hydroquinones. A mixture of five monohydric phenols
showed 96% destruction under the same conditions but there was only a 50% decrease
in the biological oxygen demand (BOD) and only 22% total organic carbon.

Johnson et al.!”! found that the efficiency of the thin film lead dioxide anodes was
greatly enhanced by doping with bismuth. They proposed that the bismuth sites on the
electrode surface are in the +5 state because of their existence within a high positive
electric field. Because the oxygen stoichiometry for pure Bi,Os is greater than that for
PbO; they speculated that the Bi (V) sites in the Bi-PbO, surface adsorb the OH radicals
generated by the discharge of water. These radicals are not stabilised on the electrode
surface by the formation of bridging metal oxygen metal bonds and thus there are more

13) reported that

sites available for the oxygen transfer reaction. Yeo and his co workers
there was a direct link between the rate of Mn (II) oxidation (a reaction which does not
occur readily on bulk lead dioxide electrodes) and the ratio of Bi:Pb in the anode.
Johnson'’! also showed that the rate of phenol oxidation varied from almost no reaction
to one where the rate was virtually mass transport limited. In another experiment using a
rotating disc thin film lead dioxide electrode they showed that, for a solution containing
10 mM DMSO no anodic wave observed when the potential was swept form +1.3 V vs
SCE to + 1.9 V vs SCE. However, on the addition of 8.3 uM Bi (III) to the solution, the

potential sweep showed an oxidation wave for the oxidation of the DMSO that was mass

transport controlled.

12



Another anode material which has received considerable attention 1s tin dioxide.
Pure tin dioxide is an n-type semiconductor with a direct band gap of 3.5 eV and it can
be used as an electrode material with good conductivity at high temperature or when
doped. Like the lead dioxide anodes, the doped tin dioxide electrodes have a high
chemical and electrochemical stability as well as a large oxygen overpotential which
makes them suitable electrodes for electrochemical incineration. Kotz ef all! *% %'’
produced a comprehensive study of the use of tin dioxide for wastewater treatment. In
their papers they described a method of preparing thin films of doped tin dioxide on a
titanium substrate. Several dopants were studied and antimony was found to perform the
best. The dopant concentration did not seem to have an effect on the oxygen evolution
potential or Tafel slope. However, results showed that the potential for oxygen evolution
was 0.3 V higher on a doped tin dioxide anode than on an anode prepared by deposition
of a thin film of lead dioxide on a titanium substrate (at a reference constant current
density of 0.1 mA cm™). Under the same conditions there was a 0.45 V difference in
oxygen overpotential when compared to a platinum anode and at higher current densities
this difference increased to 0.65 V. The dopant concentration is important -when
considering the oxidation of Ce (III) to Ce (IV). Increasing the concentration of
antimony incorporated in the tin dioxide anode resulted in an increase in the exchange
current density for the couple

The study also compared the efficiency of lead, tin dioxide and platinum in the
anodic oxidation of organic waste. It was reported that, on tin dioxide, the oxidation of
phenol in 0.5 M Na,SO, was complete after 1 hour but it required 8 hours to eliminate
the total organic carbon. Though the removal of the phenol was good on the lead dioxide
anode, the removal of the total organic carbon was poor and on platinum the reaction
stopped with the formation of maleic and oxalic acid. Comninellis ' ** ! obtained similar
results. For the oxidation of aromatics, simple aliphatic compounds and carboxylic acids,
the tin dioxide anodes performed 5-7 times better than platinum. The most significant
difference was observed for the oxidation of benzoic acid where the concentration,

(along with the total organic carbon), disappeared rapidly to zero on the tin dioxide

anode, considerably faster than the other two anode materials. This reaction was found
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to be mdependent of pH (which effects the degree of dissociation of the molecule and
hence the charge).

The problem with this type of effluent treatment is the presence of chlonide 1ons
or chlorinated species in solution which may be oxidised at the anode to form chlorine or
chlorinated organic compounds. Both Kotz '* !and Comninellis ! >’ found that, unlike
platinum, tin dioxide did not catalyse the formation of chlorine and that any chlornated
organic species formed were further oxidised to volatile trichloromethane.

The applications in this area of electrochemical technology is limitless.! **~*°! A
recent paper | **1 has proposed an electrochemical water treatment system to be used as a
means of water reclamation for controlled ecological life support systems for future
lunar/Mars habitats. It uses and recycles spacecraft water by removing organic species
from 100 ppm to less than 500 ppb total organic carbon. Another more down to earth
application is the destruction of cyanide from electroplating baths.! °’ | The cell use
alternating stainless steel anodes and cathodes. The cell operates at a current density of 4
A cm™ with an initial CN" concentration of 100,000 ppm and a final concentration of
between 0.4 - 0.1 ppm. As the CN ion concentration decreases, the current efficiency
decreases although this can be rectified by clever engineering. For example, an ion
selective electrode can follow the decrease in CN™ concentration and adjust the current
density accordingly. Along with better cell design and anode materials, this is a large step
towards zero effluent technology.

When seeking to remove organics present in low concentration, the rate of

oxtdation 1s limited by mass transport.
(II) Indirect oxidation.

As mentioned above in section (I), directly oxidising organic species at an
electrode surface has several disadvantages: Products and by products of the direct
oxidation reaction may foul the electrode surface and, prolonged reaction times lead to
the passivation of the surface. One way to avoid this 1s to use electrochemically

generated redox species to act as an intermediate which shuttles between the electrode
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surface and the reactants in the bulk solution. The scheme is represented in figure 1.3

below
Mediator Pollutants
\ Oxidation n/
/, In the bulk\
Oxidant Destroyed
pollutants
Electrode

Indirect oxidation process

Figure 1.3
A schematic diagram showing the pollutant removal pathway for an indirect

electrochemical oxidation process.

When dissolved in mineral acids, Fe (III) is an efficient reagent for oxidising
organic material. Iron is an environmentally benign species and may also be beneficial as
well as being relatively inexpensive. Its use as an oxidising agent in an electrolytic cell
was first proposed by Bockris.! >' ! They studied the oxidation of coal slurries, which
contain high amounts of phenolic residues, in 4 M sulphuric acid on platinum electrodes.
They noted that at 0.6 V vs NHE the current increased sharply until a steady state at 0.8
V vs NHE was reached. It was proposed that Fe (III) in the coal was leaching out and
oxidising the surface of the coal forming Fe (II) which in turn was being reoxidised at the
electrode surface. These results were supported by the findings of Dhooge ef al.! **1 who
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reported that by maintaining a constant potential in the mass transport region, (for Fe (II)
oxidation), it was possible to maintain a constant current for over 100 hours.

The applications of this technology have been reviewed in an excellent article by
Clarke et al. |71 They found that the rate of oxidation of coal and coke slurries, in 4 M
sulphuric acid, at iridium oxide coated titanium anodes, was increased by the addition of
iron sulphate into the solution. However, its solubility was low and the process became
mass transport limited at current densities above 200 mAcm™”. It was found that by
running the cell at 150°C, (and hence elevated pressure), in 4 M sulphuric acid, the Fe
(IIT) was capable of oxidising vitreous carbon as well as many polyaromatics to carbon
dioxaide. An interesting advantage of this process is that the reaction can be stopped at
the point where the surface of the carbon waste is covered in oxygen containing
functional groups; these can be stripped off by digestion in sodium hydroxide and
precipitated as humic acid. Humic acid is beneficial to soil acting as a natural exchange
resin for phosphates, nitrates potassium and other essential metals. Thus there is an
economic advantage of providing humic acid for a fraction of the price for complete
combustion to COs,.

The cell used in these experiments employed narrow gap cell technology. The Fe
(1) was mixed with the organic species in a separate digestion chamber and the Fe (II)
formed 1is then recycled by flowing through the cell back into the digester. Under the
conditions described above, soluble organic materials such as sugars, alochols and esters
were completely combusted. Larger more subs-tantial carbonaceous waste such as comn
husks saw dust and samples of raw sewage were also completely digested. Higher
temperatures were required to completely oxidise coal and coke. On the treatment of
sludge obtained from refinery run off at 150°C in 4 M sulphuric acid, molecules such as
PCB were also completely oxidised. Treatment of the waste sludge with adsorbent
material allowed the organic species to be concentrated before being oxidised. Based on
the findings of this work, Clarke ef al.! ' have proposed interesting solutions to several
problems in the treatment of refinery sludge and supertoxic materials. The disadvantage

of the system is the high temperatures needed for the oxidation to occur at a satisfactory
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rate. This necessitates high pressure cells and the materials needed for construction must
be capable of withstanding the harsh conditions.

Another redox couple that is proving to be of great interest is the Ag (I) / Ag (11)
system. Interest in this couple was stimulated by reports that anodically generated Ag
(II) could be used for the oxidation and dissolution of plutonium oxide to the soluble
PuQ,*" ion in nitric acid at room temperature.!’ ! Ag (I1) is a strong oxidising agent with
a standard potential of E.” = 1.98 V vs SHE. It is a reasonably stable ion at room

temperature in acid solution. However, it does undergo a slow reaction with water.
2Ag” + H,0 = 2Ag" + 2H + 12 0,

The Ag (II) exists as AgNO;" in nitric acid solution and reacts with water via a number
of reactive intermediates including OH and NOs.

Fleischmann et al. ! >*! found that, on a platinum anode in 3 M nitric acid, the rate
of oxidation of Ag (I) became mass transport controlled, and this, coupled with the fact
that the silver nitrate has good solubility in nitric acid allowed efficient generation of the
Ag (II) at high current densities. They also reported that at high potentials, (1e greater
than + 2.0 V vs NHE), the Ag (II) species will deposit on the electrode surface as the
oxide AgO, while below this potential only solution free Ag (II) is produced by the
electrode reaction. The concentration of the Ag (I) in solution was also found to be
important with concentrations above 1 M causing the adsorption of Ag (I) onto the
platinum surface. Using the Ag (Il) ions generated in situ they were able to oxidise
benzene to p-quinone with a current yield of 33% and toluene to benzaldehyde with a
current yield of 90%. The oxidation of toluene on platinum proceeds slowly and is
diffusion limited at all but the lowest current densities. The direct oxidation also forms a
number of by products and tars which block the anode surface. They noted in the paper
that the Ag (II) jon was a usefil intermediate in electrode reactions and allowed
oxidation of organic and inorganic species that were not directly oxidised at a platinum
surface. Goodridge ef al. ' ** ! have also looked into the use of Ag (I) oxidation of

benzene to form the quinone on an industnal scale and although the economics of using
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silver would be acceptable, there were a number of engineering problems that would
need addressing before a process could be designed.

Steele ef al!’! described a method to prepare Ag (II) to be used in the treatment
of waste from the nuclear industry. At temperatures above 50° C, cellulose tissues
contaminated with plutonium were completely oxidised and the waste plutonium
dissolved. Tri-butyl phosphate and kerosene were also efficiently oxidised. Platinum was
chosen as the anode material for these experiments because of its high oxygen
overpotentials and stability, (tin dioxide anodes have also been used although they did
not prove to be an efficient material for the oxidation of Ag (I)), in a 4 M nitric acid
clectrolyte at 50°C. The cell itself was divided with a cationic membrane to prevent
mixing of the powerful oxidising agent produced at the anode and the reduced species in
the catholyte. The cathode reaction was the reduction of the nitric acid to nitrous acid on
a titanium electrode and the electrolyte contained excess silver ions to prevent diffusion
through the membrane. The cell could be run at a current density of 1 A cm™, but, it was
most generally run at 0.5 A cm™ so as not to exceed the limiting current density of the
membrane. In the case of chlorinated compounds a small amount of silver chloride is
formed and although it reduces the amount of silver ion in the electrolyte it has the
beneficial effect of acting as a chloride buffer.

In a comparative study of the Ag (IT) mediated oxidation with direct oxidation on
carbon anodes Almon ef al.! '} showed that the destruction of organic species proceeded
at an enhanced rate in the presence of silver ions than by direct oxidation. For benzene
the rate of oxidation was 0.32 ml/Amp-Hour in the presence of silver compared to 0.24
ml/Amp-Hour without and cyclohexane was 0.31 ml/Amp-Hour compared to 0.20
mi/Amp-Hour. The study also showed that the rate of oxidation of the organic species
dropped dramatically at temperatures above 50°C. This was probably due to the
increasing rate of the parasitic reaction of the Ag (II) with water. Almon ef al.! 7! also
found that concentration of the Ag (I) as well as applied potential also had an effect on
the reaction with these results following the findings of Fleishmann et al. ')

A large number of other metals have been used as charge carriers in systems

similar to the ones described above. In most of the cases, the oxidation reaction is carried
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out in concentrated sulphuric or nitric acid and the anode material is usually a noble
metal or a noble metal oxide such as platinum or iridium oxide. These systems are usually
run at elevated temperatures, and pressure is also used to enhance the rate of oxidation.
Bockris ! °! 1 has used ultrasound to enhance the rate of oxidation of Ce (IV) with the
organic material which constitutes human waste biomass. This improvement allowed
removal of 95% total organic carbon from the solution and only producing 0.1% chlonne
gas from the electrolysis of urine biomass. Zawodzinski' > ! used the Co (III)/Co (II)
couple in concentrated nitric acid to react with cellulose materials used to clean up low
level radioactive materials in glovebox environments.

So far these discussions have concentrated mainly on anodic reactions.However,

[5¢] showed that formaldehyde could

in a recent publication, Pletcher and Ponce de Lyon
be oxidised in situ by hydrogen peroxide generated by the reduction of oxygen in
solution at an RVC cathode. Oxygen reduction in both acid and basic mediums ‘>’ >* ! has
been extensively reported in the literature. The reaction can occour on a number of
different cathode materals, for example in is thought to be a possible by product in the
corrosion of iron.! > ! Otsuka er al! °® | showed that hydrogen peroxide could be
generated in acid solution in a fuel cell type reaction using catalytically inactive electrode
materials such as graphite (on platinum and palladium the reduction of oxygen went

completely to water). In acid solution the half cell reaction is:' °]

0, + 2H + 2¢ - H,0,
and in basic media:
O, + H,O + 2¢¢ > OH + HO;
Hydrogen peroxide, when generated at the site of use, offers particular advantages in the
paper and pulp industries as a bleaching agent to replace the use of chlorine. The use of

hydrogen peroxide in conjunction with UV light or ozone it has shown promise in the

treatment of industrial effluent. The electrochemical method for the production can be
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cost effective for small scale operations. Dow Chemical Company ! °! have designed a
system which works at ambient temperature and pressure using a trickle bed cell. The
cathode material used is a composite PTFE-carbon chip manufactured with a PTFE latex
to surface coat carbon black onto the graphite particles. At the anode oxygen is evolved
and slowly seeps into the catholyte compartment. The flow of the catholyte through the
cell is carefully controlled so the desired amount of hydrogen peroxide is produced.
Greater knowledge of the conditions necessary for successful synthesis of hydrogen
peroxide could result in an increasing number of applications in the future. It has been
reported that for successful synthesis, an alkaline electrolyte is preferred, as are carbon
based electrodes with high surface areas. The electrolyte itself must be free of any
transition metal impurities which may cause the decomposition of the hydrogen peroxide
and hence lower the current efficiency of the process. The kinetics of the reaction are
quite slow; operating at higher overpotentials leads to a reduction in the current
efficiency for the reaction, due to the reduction of hydrogen peroxide at the cathode.

As mentioned in section 1.2a hypochlorite solutions can be prepared
electrochemically in an undivided cell by the reaction of chlorine and OH' 1ons generated

[} and since

at the cathode. Hypochlorite solutions oxidise numerous inorganic species
it exists as either HCIO or ClO™ depending on the pH only one of the species is active n
the reaction. The oxidation of CN is an important reaction in wastewater treatment. The
reaction occurs via a CICN intermediate, which is further oxidised to nitrogen and
bicarbonate. Hypochlorite undergoes a viriety of reactions with organic compounds,
most of which involve the chlorination of the functional groups which 1s still an

environmental problem.

1.4 Cell design for environmental electrochemistry.

1.4a General considerations

The design of the cell is probably the most important factor when considering the

scale up of any electrolysis. As it has been shown in the previous sections that there are
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many technologies available for the treatment of effluent and a wide varity of cell can be
used for this purpose. For example, the cell designed for the direct electrolysis of phenol
using lead dioxide anodes is different to that used in the electrochemical generation of
ozone. There are, however, several general factors that govern the design of any

electrochemical cell for effluent treatment.

a) Mass Transport

No reaction can occur more rapidly than the rate at which the electroactive
species arrive at the electrode surface. Thus the design of electrochemical cells must take
into account mass transport which is often rate limiting when dealing with dilute
solutions. There are three types of mass transport:
1) Diffusion. This is movement resulting from concentration gradients and is defined by

Ficks first and second law.

2) Convection. Movement due to an external mechanical force.
3) Migration. This is movement of a charged species due to a potential gradient.
These three forms of mass transport are well documented in the literature ! > ! In the
treatment of wastewater/effluent, the solution is flowed through or by the electrode and
convective diffusion becomes the dominant form of mass transport. For a process under

mass transport control the limiting current 1s given by the expression:

Therefore, the mass transport coefficient is given by:

I,

k,, =
(AnFc™)

(All symbols are defined in list of symbols).
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The Limiting current for a reaction is strongly determined by the mass transport
coeflicient and the electrode area. In the case of metal deposition, near the limiting
current a rough deposit will not only increase the electrode area but, turbulent flow over
the roughened surface will increase the mass transport. Mass transport to the electrode

may also be mcreased by placing non conducting plastic mesh in front of the electrode to

produce turbulent flow.

b) Current Efficiency.

The current efficiency for the desired reaction 1s given by:

¢) Cell Voltage E.
In order to reduce the electrolytic power consumption of a reaction it is
necessary to operate at the lowest possible cell voltage. The cell voltage is a complex

term made up of a number of components and it is difficult to determine analytically. The

cell voltage can be defined by the following equation:
Eccll = Ecc - EcA - ITIC| ~ lnAI = IiRl cell = llRI circuit

Where E.”* and E." are the equilibrium potentials for the anodic and cathodic reactions

respectively. The free energy change for the overall chemical change in the cell is given

by:
AG = - I]-F(Ecc"' EcA)

In the case of fuel cell reactions (E.- - E.?) is positive and the free energy change for
the reaction is negative. In most cases (E.- - E.”) is negative and thus the potential must

be increased until the free energy change becomes negative. These overpotentials and iR

22



terms represent inefficiencies in the system and, although they cannot be avoided, they
may be minimised. -
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Figure 1.4

Schematic diagram showing the overpotentials respomible for the potential drop within

a cell.

Minimising the interelectrode gap will reduce the internal cell resistance and hence the
cell voltage. Removal of separators will also reduce the cell resistance although this
stratagy may result in a reduction of the product yield or unnecessary damage to the

electrodes.

Figure 1.4 shows the wvarious 1R terms associated with a divided cell

configuration and how these terms contribute to the overall cell voltage. This 1s however,
a simplified representation and does not take into account the formation of gas bubbles

or the formation of oxides or polymers on the working electrode surface.
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1.5 Three dimensional electrodes.

Experimental evidence has shown that the limiting current for a mass transport

controlled reaction can be 1000 times greater on a three dimensional electrode than on a

two dimensional electrode.

STATIC ELECTRODES MOVING ELECTRODES
e e o P HeX A T vty o

perforated stacks microspheres
stacked meshes spherioids
cloths
felts Moving bed electrodes
foams

slurries
Packed bed electrodes inclined beds

tumbled beds
granules/flakes vibrated beds
micro spheres beds with pulsed flow
sphereoids
fibres
rods
Rasching rings

Table 1.1

A list of some three dimensional electrodes used in effluent treatment.
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The limiting current at a porous three dimensional electrode is given by:
1, = nFAgVEeknC

The porous structure gives rise to turbulent flow which results in improved mass
transport as well as high values of AgVe. The combination of these factors enable three
dimensional electrodes to be used successfully in the treatment of effluent with low
concentrations of metal ions or organic species. Indeed they are useful whenever

reactions can proceed only at low current densities.

T Elcctrolyte Flow

(n)

Porous anode

ocooODDDDOD
ITarous separatos / hed restraint

Currcnat flow

Three dismenstanal ceathode

Porous ¢cuthode fecder / bed support

Elcctrolyte flow

T Cathalyte tflow

(b)

Boed restraint

| ‘T'hrece dimensional cathodc
Anoade

L athode teeder

T Current tlow

— DBed supposrt

T Catholytc flow

Figure 1.5
Representation of the two configurations in which a three dimentional electrode may be

used.
a) Represents the flow through configuration

b) Represents the flow by configuration.
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Table 1.1 shows a range of three dimensional electrodes available for efiluent treatment.
Three dimensional electrode cells are operated in either the flow though or the flow by
configuration see figure 1.5.

In the case of the flow through configuration, the current flow is parallel to the
flow of the electrolyte, while with the flow by configuration the current flow 1is
perpendicular to the flow of the electrolyte. The fluid flow through the cell is an
important parameter as it controls the mass transport coefficient, and may affect chemical
reactions as well as help in the removal of gas bubbles thus lowering the cell potential.
The hydrodynamics are complex but well reviewed in the literature.' *>°'}

Potential distribution across the electrode will depend on the relative positions of
the anode and cathode as well as their surface profiles. As mentioned before to obtain a
high space time yield the whole electrode must operate in the limiting current region,
with a current efficiency of 100% for the reaction.

Therefore the overall behaviour of a three dimensional electrode depends on

obtaming a uniform potential distribution and thus a uniform current distribution. If the
bed is thin then the absolute potential at the electrode surface ¢y will drop slowly with
distance from the separator due to a small iR drop within the electrode. The solution
phase potential $s will also vary with distance due to iR drop in solution. This results in
a reduction in electron transfer near the feeder electrode. As the bed thickness increases

the potential for electron transfer (o - ¢s) falls until the bed reaches a thickness where
the rate of electron transfer is negligible. The thickness is known as the effective depth,
above this depth the current is also negligible. The distributions of electrode potential
and normalised current is shown 1n figure 1.6.

The discussion so far has been based on static three dimentional electrodes.
However if the potential range for the limiting current is not small, a fluidised bed can be
used as the potential distnibution is more uniform. The fluisied electrode will require a
higher cell voltage than a packed bed electrode for a given current density. The main use
of three dimentional electrodes is the removal of low concentration of metal ions.

However, there are some examples in the literature where they have been used to
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detoxify effluent streams containing polyaromatics or to carry out low current density

syntheses.
Feeder Feeder
Separator electrode Separator elecfrode
E
Pu
‘ ¢'M" ¢5
Is Foo small for
electron
fransfer
0 x/h 1
(a)
%1 %’ ‘Etfective ’
Q r: bed depth
WX s
O x/h 1
(b) (d)

Figure 1.6
Diagram showing the electrode potential distribution and the normalised current
distribution for a thin packed bed electrode (a and b) and a thick packed bed electrode

(c and d). Iy = local current density at point x; Lz = average current density over all

X, X = distance from the separator to the feeder electrode; h = depth of bed parallel to
the direction of current flow; ¢y = electrode potential and ¢s = solution potential. ¢y -

¢s = driving force for electron transfer.
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1.6 Ferrate (VI) ion.,
1.6a Chemical data on ferrates (VI).

Alkali metal ferrates are salts with the formula M;FeO4 where M 1is usually Na or
K. The existence of alkali metal ferrates has been known for some time with the first
reported synthesis of potassium ferrate, by mixing iron filings with fused potassium
nitrate, being reported by Fremy in 1832.! %! The iron has an oxidation state of (VI) and
magnetic moment calculations by Hrostowski and Scott ' ! suggested that the structure

[64]

of the ion was tetrahedral. Murman and co-workers confirmed that the structure was

tetrahedral using x-ray diffraction. There are three independent Fe-O bond lengths in the
FeO,> ion which range from 1.66A to 1.671A. Solid K,FeQ, is isomorphic with K,CrO,
and KoMnOQj; and is orthorhombic in shape though the oxygen metal bond is longer in the

iron salt than in the others. The cell parameters are given in the table 1.2 below.

Table 1.2

Table showing the cell parameters for K>FeQj
determined using Mo Ka; radiation, A = 0.70926 A

Like the other transition metal oxyanions alkali metal ferrates have a strong
visible absorption spectrum, and these were reported by Carrington ef al. ' © ! The
ferrate (VI) 10on is characterised by a strong broad asymmetrical peak at 505 nm, a
shoulder at 570 nm and a smaller peak at 780 nm. (Several other workers have also
compiled data on the absorption spectrum of the ferrate (VI) ion and these studies were

summarised in a paper by Levason and McAuliffe ! © }). Thermodynamic information on
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potassium ferrate was compiled by Wood ef al. L9%]. they reported the free energy of

formation and the enthalpy of formation.

1.6b The chemistry of ferrate (VI).

The ferrate (VI) ion acts as a strong oxidising agent, and is always reduced to the
(III) oxadation state. However Bielski and Thomas 1] reported the formation of Fe (V)
and Fe (IV) during the reaction of Fe (VI) with CO; radicals generated in sifu from the
radiolysis of formate. Kalecinski ! 7’ also reported the formation of HFeO,* from direct
gamma radiolysis of alkaline solutions containing ferrate (VI) ions. The species formed in
these reactions were unstable and the final decomposition product was ferric hydroxide.

The stability of the ferrate (VI) ion is strongly dependant on pH as is the

[ 71]

mechanism for the decomposition reaction. Emst and co-workers suggested that in

acidic and neutral media the decomposition reaction followed second order kinetics and

1s almost instantaneous with the rate equation being given as:
d[Fe™ ]/dt=k[FeOs 17

Increasing the pH to 8.9 caused the kinetics of decomposition to change. The reaction
order became zero order and this was attributed to inhibition effects of the OH ions. In
more concentrated alkali solutions the decomposition reaction followed pseudo first
order kinetics. In all these studies, the ferric hydroxide product was removed by
complexing with the phosphate buffer to give soluble Fe (I11) phosphate species.
Murman ! ”?} followed these reactions using oxygen - 18 enriched water. They
found that there was oxygen exchange between the water and the four kinetically
equivalent oxygens on the ferrate (VI) ion. By ﬁmniton'ng the rate that the oxygen on
ferrate (VI) ion exchanged with the labelled oxygen they were able to detect the labelled
oxygen released from the decomposition which allowed the calculation of the rate and
order of reaction. The results from this study showed strong agreement with those

previously presented which stated that the reaction was second order with an isotropic
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equilibrium with ferrate (VI) and the solvent in acidic medium. However, in basic and
neutral mediums (pH range between 7 and 9) the decomposition showed an order of
reaction of 3/2 with respect to the [ FeO,”7].

The ferrate (VI) ion has been exploited by organic chemists to perform selective
synthesis not only for its strong oxidising ability but because it provided a more
environmentally attractive alternative to using the more common oxidants such as

L7 1 quggested that,

chromate, permanganate and ruthenate. Audette and co workers
under the proper conditions, ferrate (V1) ion could be used as a selective oxidising agent
for primary alcohols, amines and secondary alcohols which would be converted to their
corresponding aldehyde or ketone. However, double bonds as well as aldehyde, tertiary
alcohol’s and tertiary amine functional groups were resistant to oxidation under the
conditions employed. The mechanism proposed for the reaction was a 2+2 metal-oxo
double bond with a C-H or an O-H hydrogen bond which resulted in an organometallic

intermediate, which when undergoing rearrangement would produce either free radical or
a carbocation. In a study by Lee et. al.! ™! this mechanism was also proposed with the
2+2 addition between the o-C-H and the Fe=0 to give an organometallic species.
BeMiller and Darling ! ! found that the oxidation of carbohydrates by ferrate (VI) had a
far greater specificity than using chromium (VI) in sulphuric acid or pyridine mixtures.
The fact that the ferrate (VI) ion is a strong and environmentally safe oxidant has made it

a perfect compound to be studied for the treatment of wastewater effluent.
1.6¢ Ferrate (VI) and its potential for water treatment.
(1) Inactivation of bacteria and water borne viruses.

To compete with the traditional effluent treatment oxidants, the ferrate (VI) ion
had to be shown to be as effective in the destruction of water bomne viruses. The
evidence that the ferrate (VI) ion was an effective disinfectant was first reported by
Murman and Robinson. ! 7° ! However, the first detailed studied was carried out by

[77,78]

Gilbert and co workers who reacted ferrate (VI) with Escherichia coli in buffered
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distilled water and found that below pH 8 there was a marked increase in the disinfection
ability. They also found that a 5-fold excess in ferrate (VI) was required to disinfect
secondary effluent containing the same concentration of E. coli. virus to the same
degree. Waite ef al! ™ ® ! tested several gram negative organisms from the
Enterobacteriaceae family with ferrate (VI) ion all of which were rapidly and effectively
mactivated in buffer solution. Their research did show that with gram positive organisms
Strepococcus faecalis, Streptococcus bovis, Staphyloccous aureus and Bacillus cereus
the organisms were more resistant to treatment and required at least one order of
magnitude greater concentration of ferrate (VI) to achieve the same degree of

[ 81 ]

disinfection. Fagen and Waite observed the retardation of biofilm growth in model

condenser systems by dosing the system twice a day for 5 minutes with a ferrate (VI)
solution.

Viruses are among the most difficult of all species to remove from wastewater
and the viruses of greatest concern in wastewater treatment are the enteric viruses. These
viruses are associated with a number of diseases, hepatitis being one of many which can
survive for long periods of time in clean and polluted water as well as being able to

reproduce in some of these. Schink and Waite ! **

used the { 2 virus as a model (as it
resembles both hepatitis and poliovirus II in reactions with chlorine and iodine) virus to
test the efficiency of ferrate (VI) ion as a disinfection. In all cases the ferrate (VI) proved
to be more efficient than chlorine, bromine and iodine by requiring lesser concentration
of starting material as well as reacting faster. Experiments carried out on secondary
effluent showed agreement with those of Gilbert.!”’ ! Ferrate (VI) ion has been shown to
be excellent in the inactivation of bacteria and viruses (99 % at pH 7 and 12 minutes
reaction time). When used as a pretreatment to ozonation, this value increases to

99.99941 % and there 1s also a decrease in the turbidity of the solution even when raw

sewage is added.!*!
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(IT) Oxidation of organic compounds.

When considering the oxidation of organic species in solution with ferrate (VI)
ion it is important to determine the nature of the reaction by products, and how much of
a threat they would impose. DeLuca et al.' ** 1 used Samonella typhimurium to show that
there were no mutagenic compounds formed by the action of ferrate (VI) 1on and some
common organic pollutants, as this special strain cannot grow in the absence of histidiene
but upon contact with mutanogens can reproduce.. Bartzatt and Nagel ! ™ ! reacted
aqueous potassium ferrate with N-nitroso compounds, these are potential carcinogens
and widespread in the environment. They revealed that excess addition of the ferrate (VI)
ion<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>