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ABSTRACT
This research investigated the mechanism, kinetics, and feasibility of chlorinated
aliphatic compounds inactivation by electrochemical reduction using nickel and iron
electrodes. Reactions of trichloroethylene (TCE) and tetrachloroethylene (PCE) with
zerovalent iron were investigated to determine the role of atomic hydrogen in their
reductive dechlorination using Tafel analysis and electrochemical impedance
spectroscopy (EIS). Comparison of iron corrosion rates with those for TCE reaction
showed that TCE reduction occurred almost exclusively via atomic hydrogen at low pH
values and via atomic hydrogen and direct electron transfer at neutral pH values. In
contrast, reduction of PCE occurred primarily via direct electron transfer at both low and
neutral pH values. The EIS data showed that all the rate limitations for TCE and PCE
dechlorination occurred during the transfer of the first two electrons.
Carbon tetrachloride (CT) reductive dechlorination was studied at a nickel rotating
disk electrode using chronoampermetry (CA) and EIS. Only trace levels of methylene
chloride and chloromethane were produced, indicating that sequential hydrogenolysis
was not the predominant pathway for methane production. EIS showed that the ratelimiting step for CT reduction was the transfer of the first electron to a physically
adsorbed CT molecule.
The feasibility of an electrochemical reductive dechlorination method for removing
CT from potable water was carried out in a flow-through reactor using bare and polymer
coated porous nickel electrodes. Destruction of half-life values for CT with the bare
nickel electrode ranged from 3.5 to 5.8 minutes for electrode potentials ranging from
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-652 to -852 mV with respect to the standard hydrogen electrode (SHE). Faradic current
efficiencies could be increased by 100 to 360% by coating the electrode with a silicone
polymer.
This research also investigated electrochemical oxidation of triclosan, a biocidal
agent, using Ebonex ® and boron-doped diamond (BDD) film anodes. Product analysis
showed that breaking the ether linkage was easier than opening the aromatic ring.
Microtox ® testing indicated that residual triclosan accounted for nearly all the toxicity in
the treated water, despite the fact that chlorinated byproduct concentrations were
significantly higher than those of triclosan itself.
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CHAPTER 1
INTRODUCTION

1.1 Outline
This dissertation consists of eight chapters. Following this outline is the background
section which discusses existing technologies for removing organic contaminants from
waters and also discusses electrochemical reduction and oxidation reactions. Chapters 2
and 4 describe the reductive dechlorination mechanisms at iron and nickel surfaces and
have been published in the journal of Environmental Science and Technology. Chapter 3
studies the atomic hydrogen surface coverage at electrode surfaces under freely corroding
and polarized conditions. Chapter 5 investigates the feasibility of electrochemical
reduction using bare and polymer coated electrodes for removing carbon tetrachloride
from aqueous solutions. Chapter 6 and 7 study the inactivation of triclosan using
electrochemical oxidation in aqueous and ethanol solutions. Chapter 6 is currently in
review at the journal of Environmental Science and Technology. Chapter 7 was
published in the American Chemical Society's Symposium Series 863. Chapter 8 is the
final chapter that summarizes the major findings of this research.

1.2 Introduction
Waters contaminated by chlorinated aliphatic and aromatic compounds have caused
serious problems to the public health, since most of those contaminants are known or
suspected carcinogens. Due to their widespread use as industrial solvents or
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antimicrobial agents, there are an estimated 400,000 contaminated sites that are
scheduled for cleanup over the next few decades in the United States. Carbon
tetrachloride (CT), tetrachloroethylene (PCE), and trichloroethylene (TCE) are typical
examples of chlorinated aliphatic compounds in contaminated groundwater, while
triclosan, a phenolic compound, was found to be the third most ubiquitous manmade
compound in surface streams in the United States (1).

1.2.1 Chlorinated Aliphatic Compounds
Presently used technologies for chlorinated aliphatic compounds removal from
contaminated water are adsorption by activated carbon and air stripping. While these
methods are effective for removing the halocarbons from the aqueous phase, they only
transfer the contaminants from water to another medium, which then requires further
treatment or disposal. Disposal often involves internment in hazardous waste landfills or
incineration. Landfill disposal is becoming increasingly expensive due to the liability
involved with the long-term storage of hazardous materials. Incineration of
chlorocarbons is difficult due to their low flammability, and their production of highly
corrosive hydrochloric acid upon combustion. Additionally, expensive precautions must
be taken to avoid incomplete combustion that often produces highly toxic products, such
as dioxins, furans and phosgene (2).
In recent years there has been considerable interest in developing destructive
treatment methods for removing chlorinated aliphatic compounds from contaminated
waters. Iron and other base metals, such as zinc, have been found to be effective at
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mediating the reductive dehalogenation of chlorinated organic compounds in aqueous
systems (3-5). The iron or other corroding metal serves as an electron donor to reduce
the chlorinated compounds to their nonchlorinated analogs and chloride ions.
In addition to in situ treatment using zero-valent iron, several investigations have
reported on reductive dechlorination methods that are fast enough to be employed in
above ground canister treatment systems (6,7). Most of these methods use palladium as
an electrocatalyst and hydrogen as the reducing agent. Although hydrogen and supported
palladium catalysts rapidly dechlorinate a wide range of halocarbons, the catalysts are
readily deactivated by reduced sulfur compounds, carbonate, or carbon dioxide (8,9).

1.2.2 Triclosan

Triclosan has been used as an antimicrobial agent in consumer products for over 30
years (10). A wide variety of household products, such as toothpaste, mouthwash, soaps,
cosmetics, plasticware, and fabrics employ triclosan as an antiseptic or preservative. It is
active against both gram-negative and gram-positive bacteria and a wide range of yeasts
and fungi (11). In addition to its high toxicity to bacteria, triclosan is also acutely toxic to
algal species, fish, protozoa, and other aquatic organisms (12).
Triclosan has been found entering wastewater treatment plants at concentrations
ranging from 0.07 to 14,000 pg/L (13-15), and is only partially degraded in activated
sludge treatment systems (13, 16). Aging stockpiles of triclosan often become
contaminated by polychlorinated dioxins as a result of exposure to heat or ultraviolet
light (17). Because chlorodioxins are among the most highly carcinogenic compounds
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known, stockpiles adulterated by even trace levels of these compounds cannot be used.
Triclosan is stable in acid solutions and towards base hydrolysis (18). This makes
disposal of contaminated stockpiles a problem for the wide variety of industries that use
triclosan. Incineration of contaminated stockpiles on a small scale is impractical due to
the precautions that must be taken to avoid producing chlorinated organic byproducts

during the incineration process. The high toxicity of triclosan to bacteria precludes
disposal of contaminated or aging stockpiles via biodegradation.

1.2.3 Electrochemical Reactions

Electrochemical Reduction
There are both direct and indirect mechanisms for halocarbon reduction at metal
cathodes. Direct reduction may occur by electron tunneling, or by formation of a

chemisorption complex of the organic compound with the metal electrode (19). Electron
tunneling may occur to halocarbons that are physically adsorbed at the electrode surface,
or to halocarbons that are separated from the electrode surface by one or more layers of

water (20,21). Because the probability of electron tunneling decreases exponentially with
distance from the electrode, the tunneling mechanism is most important for compounds

that are physically adsorbed at the electrode surface. For compounds that are less facilely
reduced than water, the compound must be physically adsorbed at the electrode surface
for reduction via tunneling to be a significant reduction mechanism.
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Indirect reduction of organic compounds involves atomic hydrogen. Adsorbed
atomic hydrogen at the metal surface may reduce organic compounds through formation
of surface hydride complexes. This mechanism is fast on metals with low hydrogen
overpotentials, such as platinum and palladium, but is much slower on metals with high

hydrogen overpotentials, such as nickel and iron.

Electrochemical Oxidation
Conventional advanced oxidation technologies for wastewater treatment employ
hydrogen peroxide or a TiO 2 photocatalyst for oxidant generation. Both the peroxide and
TiO 2 systems require ultraviolet (UV) light for creating active oxidant species.

Alternatively, some peroxide systems utilize ozone or Fenton's reagent in order to induce
H 2 0 2 decomposition (22). The requirement of UV light or ozone substantially increases

the costs for their associated technologies. The use of Fenton's reagent for wastewater
treatment requires a pretreatment acidification, followed by a post-treatment
neutralization, since the optimal pH value for Fenton's chemistry is in the range of 2 to 3
(22,23).

Electrochemical oxidation of organic compounds in wastewater may offer cost
advantages over commonly used methods. The lower costs may arise from elimination of
expenses associated with H202 addition, pH adjustment, or the need for ozone or UV
light. Because the electrical costs associated with UV light and ozone generation are
often the dominant costs associated with H202 oxidation systems (24), eliminating UV
and 03 is expected to result in significant cost savings.

23

1.3 Research Motivation
Electrochemical water treatment technologies have received considerable attention in
recent years. Examples of electrochemical water treatment include using iron filings as
treatment medium for groundwater contaminated by chlorinated solvents and using inert
electrodes, such as boron doped diamond (BDD) films, for organic compound oxidation.
Understanding the reaction mechanisms, kinetics, and rate-limiting factors for the
electrochemical reactions is essential for design and operation of electrochemical
remediation units. The overall objective for this research was to investigate the reaction

mechanisms, kinetics, pathways, and rate-limiting steps for electrochemical reduction and
oxidation of organic compounds in water.
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CHAPTER 2
INVESTIGATING THE ROLE OF ATOMIC HYDROGEN ON
CHLOROETHENE REACTIONS WITH IRON USING TAFEL ANALYSIS AND
ELECTROCHEMICAL IMPEDANCE SPECTROSCOPY

2.1 Abstract
Metallic iron filings are commonly employed as reducing agents in permeable
barriers used for remediating groundwater contaminated by chlorinated solvents.
Reactions of trichloroethylene (TCE) and tetrachloroethylene (PCE) with zerovalent iron
were investigated to determine the role of atomic hydrogen in their reductive
dechlorination. Experiments simultaneously measuring dechlorination and iron corrosion
rates were performed to determine the fractions of the total current going towards
dechlorination and hydrogen evolution. Corrosion rates were determined using Tafel
analysis and dechlorination rates were determined from rates of byproduct generation.
Electrochemical impedance spectroscopy (EIS) was used to determine the number of
reactions that controlled the observed rates of chlorocarbon disappearance, as well as the
role of atomic hydrogen in TCE and PCE reduction. Comparison of iron corrosion rates
with those for TCE reaction showed that TCE reduction occurred almost exclusively via
atomic hydrogen at low pH values, and via atomic hydrogen and direct electron transfer
at neutral pH values. In contrast, reduction of PCE occurred primarily via direct electron
transfer at both low and neutral pH values. At low pH values and micromolar
concentrations, TCE reaction rates were faster than those for PCE due to more rapid
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reduction of TCE by atomic hydrogen. At neutral pH values and millimolar
concentrations, PCE reaction rates were faster than those for TCE. This shift in relative
reaction rates was attributed to a decreasing contribution of the atomic hydrogen reaction
mechanism with increasing halocarbon concentrations and pH values. The EIS data
showed that all the rate limitations for TCE and PCE dechlorination occurred during the
transfer of the first two electrons. Results from this study show that differences in
relative reaction rates of TCE and PCE with iron are dependent on the significance of the
reduction pathway involving atomic hydrogen.

2.2 Introduction
Zerovalent iron is commonly used as a reactive medium to remove chlorinated
solvents from contaminated groundwaters. The iron serves as a reducing agent to
transform the chlorinated compounds to their nonchlorinated analogs and chloride ions
(I ,2). Chlorocarbon reduction may occur via direct electron transfer from the iron, or via
indirect electron transfer from atomic hydrogen produced from water reduction (2,3).
Although the chemical intermediates between reactants and products are generally
known, the relative contributions of the direct and indirect reduction mechanisms have
not been investigated. Understanding the conditions favoring each reduction mechanism
is important for interpreting field and laboratory data, especially where there is
competition between oxidants for reactive sites on the iron surfaces. This research
investigated the mechanisms involved in reductive dechlorination of trichloroethylene
(TCE) and tetrachloroethylene (PCE) using Tafel analysis and electrochemical
impedance spectroscopy (EIS).
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The most commonly observed products of TCE and PCE reactions with zerovalent
iron are ethene and ethane, and only trace levels of chlorinated products have been
observed by most investigators (4-8). A primary pathway that results in complete
chloroethene dechlorination contrasts with the sequential hydrogenolysis pathway for
chloroalkane reduction in which slower reacting products containing one fewer chlorine

atoms are produced (2). Orth and Gillham postulated that the general absence of
chlorinated intermediates for chloroethene reactions may be attributed to a chemisorption
mechanism that retains the compound at a reactive site sufficiently long to allow for
complete dechlorination (8). Other investigators have proposed that TCE and PCE form
di-sigma bonds between their carbon atoms and the iron surface (5). This proposed
mechanism is similar to that involved in catalytic hydrogenation of ethene, which is
known to occur via formation of di-sigma bonds with iron and other transition metal
catalysts (9).
The breadth of evidence indicates that PCE reaction rates with zerovalent iron are 2
to 5 times faster than those for TCE (10,11). However, several studies have found that
TCE reaction rates are faster than those for PCE (1,5,6). Different relative reaction rates

under different experimental conditions using the same iron reactants have also been
observed for 1,2-dichloroethylene (DCE) and TCE (12). The effect of experimental
conditions on the relative reaction rates of chlorinated ethenes suggests that there is more
than one reaction mechanism for these compounds on iron surfaces. Two reaction
mechanisms that have been proposed involve direct electron transfer and indirect
reduction via atomic hydrogen (2,6,13). In palladium catalyzed systems employing
hydrogen as the reducing agent, chloroethene reaction rates increase with decreasing
extent of chlorination (14). This suggests that the mechanism responsible for faster TCE
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versus PCE dechlorination in iron systems may involve atomic hydrogen as the reducing

agent.
EIS Analyses
The overall rate of an electrochemical reaction may be controlled by the rate of

electron transfer, by mass transfer limitations, or by the rates of slow chemical reactions
that precede or follow an electron transfer step (15). In terms of their effect on the flow
of electrons, these three mechanisms are analogous to resistance, capacitance, and
inductance in an electrical circuit ( 1 6). This analogy allows the contribution of these
three rate limitations on the observed rates of electrochemical reactions to be probed
using EIS techniques.
Reactions on corroding iron have been modeled with the circuit shown in Figure 1
(17). This circuit is consistent with the three well-known hydrogen evolution reactions
(HER) on iron surfaces (15):
Fe+ H + +e - Fe—H

.

2 Fe — H —> 2 Fe + H2

(2)

Fe— H + H + + e - —> Fe + H 2

(3)

.

.

where 1-1 is an atomic hydrogen radical. The equivalent circuit in Figure 1 consists of a
.

solution resistance (Rs) and three circuit elements, corresponding to reactions 1, 2 and 3.
Circuit element I consists of the charge transfer resistance (R1) for reaction 1 coupled

with the double layer capacitance (C di). Circuit element II accounts for the resistance and
capacitance associated with reaction 2, and element Ill accounts for the inductance and
resistance associated with reaction 3.
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The primary pathway and the rate limiting step for hydrogen evolution depends on
the potential and solution pH value. At neutral pH values hydrogen evolution on freely
corroding iron proceeds primarily via reactions 1 and 2, with reaction 1 being the ratelimiting step (18). Reaction 3 becomes increasingly important with increasing surface
coverage of adsorbed atomic hydrogen (OH), which increases with decreasing pH values
and decreasing potentials (19). Decreasing potentials exponentially increase the rates of
the electron transfer reactions, and also increase OH. Therefore, at sufficiently low
potentials reaction 3 may become the rate-limiting step for hydrogen evolution (18).
Reaction 1 is known to be a concerted electron transfer reaction in which electron
transfer and bond formation occur simultaneously (15,20). In contrast, reaction 3
involves a slow chemical reaction that precedes an electron transfer step. This slow
chemical reaction is the diffusion of atomic hydrogen to a vacant cathodic site (21). This
distinction is important because it affects the influence that an oscillating voltage has on
the rate of each reaction. The rates of slow chemical reactions preceding an electron
transfer step will not respond to a high frequency alternating voltage because the period
of the voltage oscillation is much shorter than the time required for the slow chemical
reaction. Slow chemical reactions are therefore analogous to inductance in an electrical
circuit because inductors contribute to increasing impedance with increasing oscillation
frequency of the voltage source.

2.3 Materials and Methods
Batch Experiments Dechlorination rates of TCE and PCE were measured in a 25 mL
sealed glass cell in 20 mL of background electrolyte solution. Each experiment utilized a
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different 2.5 cm long by 1.2 mm diameter iron wire of 99.9% purity (Aesar, Ward Hill,

MA) as the reactant. The iron wires were polished with fine sandpaper and rinsed
thoroughly with ultrapure water prior to use. Duplicate experiments were performed in
potassium phosphate and potassium sulfate electrolytes at a total ionic strength of 0.30
M. Electrolyte pH values were adjusted by adding small quantities of sulfuric acid. The
electrolyte solutions were purged with 100 mL/min of nitrogen gas for 15 min prior to
injecting the reactants through a rubber septum. The solutions were stirred at 200 rpm for

30 minutes after adding 0.5 to 3.6 [IL of neat TCE or PCE to the reaction cell. The iron
wire was then inserted through the rubber septum. The reaction cell also contained a
counter electrode consisting of a 3 cm long by 0.3 mm diameter platinum wire encased in

a Nafion®(Dupont) sheath, and a Hg/Hg2SO4 reference electrode (EG&G, Oak Ridge,
TN). TCE or PCE dechlorination was monitored by chloride analysis and by gas
chromatography. The experiments were conducted at nearly constant halocarbon
concentrations given that the loss of TCE or PCE in each approximately two hour
experiment was on the order of 5%.
Electrochemical Analyses All direct current voltammetry experiments were carried out
with an EG&G model 273A potentiostat and EG&G Powersuite software. Tafel scans
were performed at the end of each batch experiment by polarizing the iron wire ±100 mV
with respect to its open circuit potential at scan rate of 5 mV/sec. EIS experiments were
conducted by coupling the 273A potentiostat with an EG&G 5210 impedance phase
analyzer. A sinusoidal amplitude modulation of ±10 mV was used over a frequency

range from 1 mHz to 100 KHz. The impedance data were fitted using EG&G Zsimp Win
software to a model circuit for iron corrosion (17).
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Chronoamperometry (CA) experiments were performed to determine the amount of
atomic hydrogen on the iron surface as a function of the electrode potential and pH value.
These experiments were performed using an iron rotating disk electrode (RDE) at 100
rpm in nitrogen purged electrolyte solutions. The method of Elhamid et al. (19) was used
to calculate the atomic hydrogen surface coverages from the measured currents as a
function of potential. All potentials are reported with respect to the standard hydrogen
electrode (SHE).
Chromatography Analyses Halocarbon concentrations in the electrochemical cell were
measured with a Hewlett-Packard 5890 Series II gas chromatograph (GC) equipped with
an electron capture detector (ECD) and autosampler. Samples were prepared by injecting
100 pL aqueous samples into 1 g of pentane. Reaction product concentrations were
determined via headspace analysis using a Hewlett Packard 5890 GC equipped with a
flame ionization detector. The standard error for the GC analyses was 4.9%. Chloride
ion concentrations were determined using ion chromatography (IC) by triplicate analyses
of 5 mL samples using a Dionex DX 500 ion chromatograph. The standard error of the
IC analyses was 3.5%, and the detection limit for chloride was approximately 10 p g/L.

2.4 Results and Discussion
Iron wire corrosion rates were determined using Tafel analysis of polarization
diagrams like those shown in Figure 2. The linear portions of the anodic and cathodic
Tafel regions were extrapolated to their point of intersection to determine the iron
corrosion rate as a function of the TCE or PCE concentration ( 15). Figure 3 shows the
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currents associated with TCE, PCE and water reduction in potassium phosphate
electrolyte solutions at a pH value of 3. Similar results to those shown in Figure 3 were
observed in the potassium sulfate electrolyte, and are presented in the supplementary
material to this article. The currents for TCE and PCE reduction were determined from

the rates of chloride ion generation and the dechlorination products. Reaction products
for TCE and PCE were 75±6% ethene and 25±6% ethane at both pH values. Mass
balance differences between the GC and IC analyses were less than 10%. Changes in
chloride ion concentrations were used to determine the number of moles of TCE or PCE
that reacted. The product distribution indicates that each mole of TCE or PCE that
reacted released 3 or 4 moles of chloride ions, respectively. TCE reduction to ethene and
ethane requires 6 and 8 moles, respectively, of reducing equivalents; while PCE reduction
to ethene and ethane requires 8 and 10 moles, respectively, of reducing equivalents. The
currents associated with hydrogen evolution were determined by the difference between

the total current and the halocarbon reduction currents. The corrosion current density for
hydrogen evolution in the blank electrolyte in Figure 3a was 27 pt A/cm 2 . Upon adding

TCE to this solution there was little change in the overall rate of iron corrosion.
However, the product generation rate showed that a significant fraction of the current
went towards TCE dechlorination. At a TCE concentration of 2 mM, 90% of the

corrosion current went towards TCE dechlorination, while only 10% went towards
hydrogen evolution. The high current efficiency for TCE dechlorination, despite little

change in the overall corrosion rate from the blank solution, suggests that the primary
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pathway for TCE dechlorination was reduction by atomic hydrogen produced from
reaction 1.

In contrast to the effect of TCE, the corrosion current increased when PCE was
added to the blank electrolyte solution, as shown in Figure 3b. This indicates that PCE
was able to directly oxidize the iron. At a PCE concentration of 1 mM, the corrosion
current density in the blank solution of 24 p.A/cm 2 increased by 12 t.tA/cm 2 to 36 [iA/cm 2
by the presence of PCE. The product generation rate indicated that the current for PCE
reduction was 16 A/cm 2

.

This indicates that the primary mechanism for PCE

dechlorination involved direct electron transfer. The 33% greater rate of PCE
dechlorination compared to the increase in corrosion current suggests that PCE may also
react with atomic hydrogen produced from water reduction.

Data in Figure 4a suggests that there was also indirect TCE reduction at a pH value
of 7. Adding TCE to the potassium sulfate electrolyte resulted in increasing corrosion
currents with increasing TCE concentrations. Similar results to those shown in Figure 4
were observed in the potassium phosphate electrolyte and are presented in the
supplementary material to this article. The increasing corrosion currents with increasing

TCE concentration indicate that TCE was able to directly oxidize the iron. However, the
increase in corrosion current associated with direct TCE reduction was small compared to

the overall dechlorination current. For example, TCE at a concentration of 1 mM
increased the corrosion rate by 18% over that in the blank electrolyte. However, 65% of

the total corrosion current went towards TCE dechlorination at this concentration. This
suggests that there was also indirect reduction of TCE by atomic hydrogen at neutral pH.

The data in Figure 4b show that PCE had a more dramatic effect on iron corrosion
rates at neutral pH than at a pH value of 3. Adding PCE to the solution at a concentration
of 1 mM increased the corrosion rate by 117% over that in the blank electrolyte. This
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shows that direct PCE reduction was the major reaction contributing to iron oxidation. In
fact, the current efficiency for PCE reduction reached 69% at a concentration of 1 mM.
The data in Figure 4b also suggest that there may be indirect PCE reduction at neutral
pH. The current going towards PCE reduction at a concentration of 1 mM was 27%
greater than the increase in total current associated with adding PCE to the solution. This
is slightly less than the 33% increase observed at a pH value of 3.

Dechlorination reactions involving atomic hydrogen would be more important at
lower pH values due to increasing OH values with decreasing pH, as shown in Figure 5 for
pH values of 3 and 7. Therefore, the effect of pH on the relative current efficiencies and
reaction rates for TCE versus PCE indicates that reaction of TCE with atomic hydrogen
was faster than that for PCE. At a pH value of 3 and a concentration of 1 mM, the
current efficiency for TCE dechlorination was 81% while that for PCE was only 45%.
However, at a pH value of 7 and a concentration of 1 mM, the current efficiency for PCE
of 69% was similar to the current efficiency of 65% observed for TCE. Comparison of
the rates of TCE reduction in Figures 3 and 4 show that TCE dechlorination rates were 45
to 50 times faster at a pH value of 3 than at a pH value of 7. This effect of pH on TCE
reaction rates was three times that observed for PCE, for which the dechlorination rates
increased by factors of 15 to 18 upon lowering the pH value from 7 to 3. Greater OH
values at lower pH should lead to faster reaction rates via an indirect mechanism
involving atomic hydrogen. Therefore, the greater effect of pH on TCE reaction rates
suggests that reduction of TCE by atomic hydrogen was more facile than that for PCE.
In fact, this difference was significant enough to make the rate of TCE dechlorination

75% faster than that for PCE at a pH value of 3 and a concentration of 1 mM, as shown in
Table 1. In contrast, at a pH value of 7 the dechlorination rate for PCE was 45% faster
than that for TCE at a concentration of 1 mM.
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The faster reaction rates for PCE versus TCE that have been observed in most
investigations (10,11) can likely be attributed to a small contribution of the atomic
hydrogen reduction mechanism under the conditions used in those investigations. In the
experiments presented in Figure 4, the free corrosion potential of the iron wires ranged
from —512 to —528 mV. The data in Figure 5 show that in this potential range, there was
a very low concentration of atomic hydrogen adsorbed on the iron surface. The low OH
values at neutral pH suggest that the atomic hydrogen reduction mechanism will be
saturated at low TCE concentrations. Therefore, at neutral pH values this mechanism
could be the dominant TCE reduction pathway only at very low TCE concentrations.
The finite amount of H2 evolution in Figure 4a does not preclude saturation of the atomic
hydrogen reduction mechanism for TCE, since not all the atomic hydrogen may be
accessible by TCE. Reaction sites covered by porous oxides penetrable to water but not
TCE would result in H2 evolution, despite a shortage of atomic hydrogen for TCE
reduction.
The effect of TCE and PCE concentration on their relative reaction rates at a pH
value of 7 is shown in Table 1. The first order rate constants in Table 1 show that the
TCE reaction rate was 2.0 times faster than that for PCE when each was present at a
concentration of 6 i.tM; and was 1.5 times faster at a concentration of 30 IJM. However,
at a concentration of 1 mM the PCE reaction rate was 45% faster than that for TCE at a
pH value of 7. This shift in relative reaction rates with concentration supports the
hypothesis that TCE reacts faster with atomic hydrogen than PCE. This result is similar
to that of Arnold and Roberts (5) who reported that TCE reaction rates were up to 13
times faster than those for PCE at micromolar concentrations on acid washed iron filings.
EIS Analyses
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The data in Table 1 and in Figures 3 and 4 suggest that there are different primary
pathways for dechlorination of TCE and PCE. The proposed reaction sequence for both
compounds begins with a chemisorption step in which the halocarbon forms di-sigma
bonds with iron atoms, as given by (5):
CI

CI
\
+ Fe-Fe
C=C

CI CI
I
I
R—C—C—CI

I
I
Fe Fe
surface

1=1 /CI surface

(4)

where R=C1 for PCE or H for TCE. The next reaction step involves reduction by an
electron or atomic hydrogen according to:
CI CI
I
I

R—C—C—CI + e - (or H*)

I
I
Fe Fe
surface

CI
I

*
R—C—C—CI + Cl - + (or H+)

I
I
Fe Fe
surface

(5)

The adsorbed radical is then reduced by an electron or atomic hydrogen according to:
CI
I

°
R — C — C — CI + e - (or H*)

I
I
Fe Fe
surface

R—C=C—C1 + Cl - + (or H+)

I
I
Fe Fe
surface

(6)

The adsorbed species produced by reactions 5 and 6 may then desorb to yield mono- or
dichloroacetylene, as observed by Arnold and Roberts (5), or undergo further reduction to
ethene or ethane. The fact that most studies have not observed chloroacetylenes suggests
that the predominant pathway after reaction 6 involves further reduction of the adsorbed
species rather than desorption. Although trace amounts of chlorinated acetylenes were
observed in solution by Arnold and Roberts, no intermediate products between mono- or
dichloroacetylene and ethene were observed (5). This suggests that the rate limitations to
chloroethene reduction were associated with reaction steps occurring prior to formation
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of mono- or dichloroacetylene. Under this scenario, all rate limitations to TCE and PCE
dechlorination are associated with the transfer of the first two electrons, either directly or
via atomic hydrogen.
Fast subsequent reactions after two electrons have been transferred is consistent with
the Bode phase plots shown in Figure 6. Figure 6 shows a phase plot for reduction of
water, TCE, and PCE at a pH value of 7. Each peak in the profile represents a unique
reaction that affects the overall impedance to current flow (22). In the blank electrolyte
solution there was only one peak corresponding to reaction 1. The absence of peaks for
reactions 2 and 3 in the blank solution shows that the rates of these reactions do not
measurably affect the rate of hydrogen evolution. This is consistent with past
observations that reaction 1 is the rate limiting reaction for hydrogen evolution at neutral
pH values (18,19,23). In the solutions containing TCE or PCE, the two additional peaks
indicate that there were two additional reactions whose rates affected the overall flow of
current. Because ethene production from TCE and PCE require six and eight electrons,
respectively, the absence of peaks in the Bode plots for these additional reactions
indicates that their rates do not affect the observed rates of TCE or PCE reduction.
The close agreement of the currents associated with PCE reduction with the increase
in total current resulting from adding PCE to the solutions indicates that PCE reactions 5
and 6 primarily involve reduction by electrons. In contrast, the primary dechlorination
pathway for TCE depends on the relative concentrations of TCE and atomic hydrogen on
the iron surface. Where the ratio of the atomic hydrogen to TCE concentration is high,
TCE reactions 5 and 6 primarily involve atomic hydrogen. This is the case at a pH value
of 3 where adding TCE to the solution did not measurably increase the total corrosion
current over that in the blank, but reduction of TCE accounted for up to 90% of the total
current. Faster reduction of TCE by atomic hydrogen than by electrons can explain why
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reaction rates for TCE are more pH and concentration dependent than those for PCE.
Lower TCE concentrations allow a greater contribution of atomic hydrogen to the overall
rate of TCE reduction. Faster reduction by electrons of chemisorbed PCE versus TCE is
consistent with linear free energy relationships involving standard reduction potentials (4)
and the energies of the lowest unoccupied molecular orbitals (E-LUMO) (24).
The phase angle for the third peaks in the Bode phase plots for TCE and PCE in

Figure 6 were negative, and thereby indicate the presence of induction in electron transfer
reactions involving TCE and PCE. Induction arises from the presence of electron transfer
reactions that involve surface adsorbed intermediates, such as atomic hydrogen.
Induction in the hydrogen evolution reaction was seen in the third peak in the Bode plot
at a pH value of 3, shown in Figure 7. Induction in the blank electrolyte indicates that
reaction 3 significantly contributed to hydrogen evolution. Similarities in the Figure 7
Bode plots for TCE, PCE and the blank electrolyte suggest that there may be reactions
analogous to reaction 3 for TCE and PCE. These reactions may be of the form:
CI CI

R

—

I
I
C C CI + e + H*
I
I
Fe Fe
—

—

R—C=C—C1 + 2CI + H+
I
1
Fe Fe
surface

-

-

surface

(7)

Evidence that the TCE and PCE reactions involving induction also involve electron
transfer from the electrode is shown for TCE reduction in Figure 8. The resistance
associated with the inductive circuit element

(R3)

showed a strong potential dependence,

and decreased by 13 orders of magnitude between a potential of —0.5 and -0.9 V. This is
consistent with the exponential relationship between the charge transfer resistance and

potential dictated by the Butler-Volmer equation for electron transfer reactions (15). In
contrast, the resistance associated with the capacitive circuit element (R 2 ) showed no
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potential dependence. This is consistent with a reaction that does not involve the transfer
of an electron from the electrode, such as the reaction of TCE with atomic hydrogen. For
reaction 1 which involves the transfer of an electron from the electrode to a solution
species, R1 showed the expected strong potential dependence.
Figure 9 shows the inductance values measured in the blank, TCE and PCE
solutions. At a pH value of 7, there was very little induction in the blank due to the
insignificant contribution of reaction 3 to the overall rate of hydrogen evolution.
However, there was considerable induction in both the PCE and TCE EIS spectra. This
indicates that electron transfer reactions involving chemisorbed intermediates were
involved in their reduction. The greater induction for TCE versus PCE is consistent with
the more important role of atomic hydrogen in its reduction. Slow diffusion of adsorbed
atomic hydrogen to a cathodic site for electron transfer to TCE may be responsible for the
induction. The lower inductances for TCE and PCE at a pH of 3 as compared to a pH of

7 can be attributed higher OH values that make the slow diffusion of atomic hydrogen to
cathodic sites less of a rate limitation. The appearance of induction in the blank solution
at a pH value of 3 is consistent with a significant contribution of reaction 3 to hydrogen
evolution.
The reactions proposed in this study require that TCE and PCE have access to the
metallic iron surface. This occurs only at cracks in the oxide film, and suggests that only
a small fraction of the iron surface is available for halocarbon reactions involving

chemisorption. This is consistent with TCE reaction rates on cathodically protected iron
that are two to three orders of magnitude faster than those on oxide coated iron (25,26).
On iron coated with electrically conductive magnetite or semiconducting Fe(III) oxides,

halocarbon reduction may also occur via electron tunneling through the oxides (13,27).
Electron tunneling to a physically adsorbed chloroethene may be responsible for the

39

sequential hydrogenolysis pathway that produces stable products with one fewer chlorine
atoms than the parent compound (4,28).
A chloroethene reaction mechanism involving chemisorption and atomic hydrogen
may explain why the linear free energy correlations between E ° values and reaction rates
developed for chloroalkanes under-predict rates of chloroethene reduction (29). Reaction
mechanisms involving atomic hydrogen may make laboratory determination of steady
state reaction rates under field conditions more difficult, since experiments must mimic
the adsorbed hydrogen concentrations found in the field. Therefore, sealed batch
experiments, which are inherently not steady state, or accelerated flow-rate column
testing, may be of limited usefulness for predicting chloroethene reaction rates under
field conditions.
Supporting Information Available
The corrosion experimental data at pH value of 3 in potassium sulfate electrolyte
solutions and at pH value of 7 in potassium phosphate electrolyte solutions are available
in Figures SI-S2.
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2.5 Tables

Table 1. Apparent first-order rate constants for TCE and PCE in
batch reactors along with their 95% confidence intervals
Conc. lc, (min -1 )
pH
PCE
TCE
(111VO
6
7
4.84±0.35 E-05 2.41±0.17 E-05
7
30
3.23±0.15E-05 2.12±0.16E-05
1000
7
4.37±0.29 E-06 6.31±0.42 E-06
1000
3
2.00±0.39E-04 1.14±0.18E-04

ki(TCE) /1( 1 (PCE)
2.01
1.52
0.69
1.75
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2.6 Figures

Figure 1. Equivalent circuit for reactions on corroding iron surfaces.
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Figure 2. Sample Tafel profiles for 4 different iron wires at a pH value of 3 in potassium
phosphate electrolyte solutions for TCE concentrations of 0.5, 1.0, 1.5 and 2.0 mM.
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Figure 3. Corrosion current densities (i) and current densities for hydrogen evolution,
TCE (a) reduction, and PCE (b) reduction at a pH value of 3 in potassium phosphate
electrolyte solutions. Error bars on the currents for TCE and PCE reduction represent
95% confidence intervals.
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Figure 4. Corrosion current densities (i) and current densities for hydrogen evolution,
TCE (a) reduction, and PCE (b) reduction at a pH value of 7 in potassium sulfate
electrolyte solutions. Error bars on the currents for TCE and PCE reduction represent
95% confidence intervals.
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Figure 5. Fractions of the electroactive iron surface covered by adsorbed atomic
hydrogen at pH values of 3 and 7.
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Figure 6. Absolute value of the phase shift between the applied potential and resulting
current at a pH value of 7 for an iron wire immersed in a blank electrolyte solution and in
electrolyte solutions containing TCE or PCE at a concentration of 1 mIVIL
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Figure 7. Absolute value of the phase shift between the applied potential and resulting
current at a pH value of 3 for an iron wire immersed in a blank electrolyte solution and in
electrolyte solutions containing TCE or PCE at a concentration of 1 mM.
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Figure 8. Resistance values determined from fitting the equivalent circuit depicted in
Figure 1 to the EIS data for TCE shown in Figure 6. To account for surface roughness,
the double layer capacitance (C di ) was replaced by a constant phase element (30) when
fitting the data. The error bars represent the 95% confidence intervals.
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Figure 9. Inductance values determined from fitting the equivalent circuit depicted in
Figure 1 to the EIS data shown in Figures 6 and 7. To account for surface roughness, the
double layer capacitance (Cdi) was replaced by a constant phase element (30) when fitting
the data. The error bars represent the 95% confidence intervals.
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Figure si. Corrosion current densities (i) and current densities for hydrogen evolution,
TCE (a) reduction, and PCE (b) reduction at a pH value of 3 in potassium sulfate
electrolyte solutions. Error bars on the currents for TCE and PCE reduction represent
95% confidence intervals.
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Figure S2. Corrosion current densities (i) and current densities for hydrogen evolution,
TCE (a) reduction, and PCE (1)) reduction at a pH value of 7 in potassium phosphate
electrolyte solutions. Error bars on the currents for TCE and PCE reduction represent
95% confidence intervals.
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CHAPTER 3
ITERATIVE METHOD FOR DETERMINING THE HYDROGEN EVOLUTION
ELECTRON TRANSFER COEFFICIENT AND HYDROGEN SURFACE
COVERAGE ON IRON AND NICKEL ELECTRODES

3.1 Abstract
Understanding reactions involving atomic hydrogen on electrode surfaces requires a
knowledge of the atomic hydrogen surface coverage (OH) as a function of the electrode
potential and pH value. Previous research has shown that OH values can be determined
from polarization data if the electron transfer coefficient for the Volmer discharge step of

the hydrogen evolution reaction (HER) is known. Unfortunately, determining the
electron transfer coefficient requires a priori knowledge of GH values as a function of the
electrode potential. This research presents an iterative method for determining the
Volmer discharge electron transfer coefficient from polarization data. The electron
transfer coefficients for iron and nickel electrodes ranged from 0.30 to 0.50, depending

on the solution pH value. The pH dependence can be attributed primarily to the presence
of oxides that contributed to Faradic losses in overpotential for the HER. The electron
transfer coefficients and polarization data were then used to determine OH values and rate

constants for the Volmer discharge and Tafel recombination steps of the HER as a
function of potential, as well as the exchange current density for hydrogen evolution on
iron and nickel electrodes.
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3.2 Introduction
The hydrogen evolution reaction (HER) is one of the most important reactions in
aqueous electrochemistry. In addition to being important in electrolytic production of
hydrogen gas, the HER reaction is important in hydrogen embrittlement of cathodically
protected metals, and in the catalytic hydrogenation of organic compounds in aqueous
solution (1-3). The HER on metal electrodes has been found to occur via a catalytic
mechanism involving a proton discharge step (4):
+ e i›M —H ad,
-

(Volmer discharge)

(1)

an atomic hydrogen recombination step:
M H ads + M H

ads

k2

2M + H 2 (Tafel recombination)

(2)

and an electrochemical desorption step:
M Hads +k3

M

H2 (Heyrovsky desorption)

(3)

where M is an active site at the electrode surface, M — H ads is atomic hydrogen adsorbed
to a catalytic site, and k 1 , k 2 and k 3 are rate constants for each reaction. Over a wide
range of potential and pH values, the rate-limiting step for the HER is reaction 1 (4).
With decreasing potential, reactions 2 or 3 may become rate limiting due to the
exponential increase in the rate of reaction 1 with decreasing electrode potential. Under

circumneutral pH values, reaction 3 contributes little to the rate of hydrogen evolution (/),
primarily because of the low concentration of M — H ads species on the electrode surface.
However, with decreasing pH values, increasing M — H ads concentrations result in an
increasing contribution of reaction 3 to the rate of H2 evolution.
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Quantification of the fraction of the electrode surface covered with adsorbed atomic
hydrogen (OH) is needed to understand reduction of solution or adsorbed species by
atomic hydrogen. Recently, Elhamid et al. have shown that OH values can be determined
from polarization data and a knowledge of the electron transfer coefficient for reaction 1
(5).

Unfortunately, determination of the electron transfer coefficient under a given set of

conditions requires knowledge of OH. This paper presents a method for iteratively
determining the electron transfer coefficient for the HER from cathodic polarization data.
The method is valid under conditions where reactions 1 and 2 dominate the HER for
metals where the rate of atomic hydrogen absorption into the metal lattice is much
smaller than the rate of hydrogen gas evolution.

3.3 Model Development
The electron transfer (a) coefficient for a reduction reaction is defined in the Butler-

Volmer equation as (6):
I = ioA[e

-e2F(E-E,,7)IRT
-

e

te(E-E,I)IRT

(4)

where I is net reaction current, io is the exchange current density, A is the available

electroactive surface area for the reaction, F is the Faraday constant, R is the gas constant,
T

is the temperature, E is the electrode potential, Eeq is the equilibrium potential for the

redox reaction, and a and a are the electron transfer coefficients for the reduction and
oxidation reactions, respectively. The first term in brackets represents the rate of the
forward reduction reaction, while the second term gives the rate of the reverse oxidation
reaction. The exchange current density depends on the reactant concentrations and the

55

nature of the electrode material. The forward transfer coefficient depends on the number
of electrons transferred before ( ? ) the rate determining step, the number of times the rate
determining step must occur (y), and the symmetry factor (A) for the reaction (4). For an
overall reaction that involves the transfer of n electrons, the forward transfer coefficient
may be expressed as (4):

ia
rp
a-=—+
-/

v

(5)

where r = 0 if the rate determining step does not involve electron transfer, otherwise r = 1.
The 13 parameter is dependent on the symmetry of the potential energy surface between
the transition state and the reactant and product species (4). For a single-step electron
transfer reaction, fi represents the fraction of the applied overpotential that goes toward
overcoming the activation energy of the reduction reaction, while (1-fi) represents the
fraction of the overpotential that goes towards increasing the activation energy for the
reverse, anodic reaction (4).
Past work has shown that reaction 1 is the rate-limiting step for the HER on iron
and nickel electrodes under a wide range of conditions (4, 7). In this case, ? = O, I/ =2
and r =1, which results in a = fi. Therefore, a knowledge of the symmetry factor, fl, is
needed to calculate OH values as a function of the electrode potential. Although
symmetry factors, and thus a values, for reaction 1 have been observed to be near 0.5 for
many metal electrodes in acid solutions, significantly lower values have been observed in
neutral pH solutions (8, 9).
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Under conditions where reaction 1 is the rate-limiting step, the rate of reaction 1 can
be expressed as (4, 5):
= Fk i [H + 1(1— OH )exP

RT

(6)

where i c is the cathodic current density, [11 t ] is the proton concentration, and the
overpotential ( ) is given by ri=(E—E,,). Using kinetic theory, the rate of a
bimolecular combination reaction, such as reaction 2, can be expressed as (10):
i c =k 2 F9H2

(7)

Under steady state conditions, the rates of reactions 1 and 2 are equal. Therefore,
equation 7 can be solved for OHand inserted into equation 6, yielding:

exp

Fall] , r
=1, 1
RT
1FFIT

(8)

where i= Fk 2 [H + ] . If the left-hand side of equation 8, which has been previously
termed the charging function (5), is plotted as a function of 1F, a straight line should
-0.5
result with a slope equal to —ijk 2 F) and an intercept of io9 . However, â is unknown
and cannot be determined without knowing OH as a function of ij, as indicated in
equation 6. This suggests that an iterative method can be used to determine a , since the
correct value should lead to a linear relationship between the charging function and 1F.

3.4 Experimental
A 1.13 cm diameter nickel or iron disk (Metal Samples Co., Mumford, AL) with a
nominal surface area of 1 cm 2 was used as the working electrode in all experiments. A
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Hg/Hg2SO4 electrode (EG&G, Oak Ridge, TN) was used as the reference electrode, and a
0.3 mm diameter by 4 cm long platinum wire (Aesar, Ward Hill, MA) was used as the
counter electrode. The counter electrode was encased within a Nafion ® (Dupont) proton
permeable membrane. All experiments were performed in 10 mM CaSO4 background
electrolyte solutions using an EG&G model 616 rotating disk electrode in 25 mL glass
cells. In experiments conducted at pH values lower than 7, H2SO4 was added to adjust
the solution pH.
Chronoamperometry (CA) experiments were performed to measure the steady state
currents for hydrogen evolution as a function of the electrode potential. The disk
electrode was rotated at a speed of 100 rpm and the solutions were continuously purged
with -100 mL/min of nitrogen gas in order to eliminate oxygen reduction as a side
reaction. Before all experiments, the working electrode was chemically and
mechanically polished with an EG&G electrode polishing kit. The electrode was then
conditioned at -785 mV with respect to the standard hydrogen electrode (SHE) for about
3 hours prior to each set of experiments. All potentials are reported with respect to the
SHE.
In addition to the CA experiments, Tafel scans were also performed to determine the
atomic hydrogen surface coverages under freely corroding conditions. These
experiments used the same cell and operating conditions as the CA experiments.
However, after polishing, the electrodes were allowed to equilibrate with the solutions for
two hours. Tafel scans were then performed by polarizing the electrodes ±200 mV with
respect to their open circuit potentials at a scan rate of 5 mV/sec.
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3.5 Results and Discussion

Equation 6 suggests that an estimate of the transfer coefficient (ii') may be obtained

from a plot of log(i) versus E, as shown in Figure 1 for the iron electrode. Since this

a' value calculated from the slope of
Figure 1 will be smaller than the true a . If the a ° value is used to plot the charging

plot ignores the potential dependence of OH, the

function versus a linear relationship is not obtained, as shown in Figure 2. However,
the

a' value can be iteratively increased until the required linear relationship is obtained

between the charging function and as shown by the data for te =0.30 in Figure 2.
Figures 3a and b show the charging function versus AA. for iron and nickel electrodes
-

at several pH values. As indicated in Table 1, the correlation coefficients (R 2 ) for the
best-fit

a values generally decreasd with decreasing pH value. This can likely be

attributed to an increasing contribution of reaction 3 to the HER with decreasing pH
values. For both the iron and nickel electrodes, the best-fit

a values found to depend on

the solution pH value, as shown in Table 1. According to the proposed HER mechanism
with reaction 1 as the rate-limiting step, a should not be a function of the solution pH
value. This apparent contradiction can be explained by the presence of oxides on the
electrode surfaces that serve to decrease the overpotential ( at a given applied potential

(E).
At pH values sufficiently low to dissolve oxides coating the electrode surfaces,
values of 0.50 were obtained for both iron and nickel electrodes, as shown in Table 1.
These values are close to those previously reported for the HER on iron, nickel and other
metal electrodes in acid solutions (4). The fact that a lower pH value was required for the
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nickel electrode to achieve

Cc =0.5 is consistent with the greater difficulty in dissolving

nickel, as compared to iron, oxides (11). Previous research has found that the P-Ni(OH)2

that forms on nickel cathodes is resistant to both reduction and dissolution (12).
Once the best-fit a values have been iteratively determined, the slope and intercept
of the linear profiles in Figure 3 can be used to determine k2 and ro values. For each

potential where ic was measured, OH can then be determined from equation 7. Figure 4
shows OH values calculated for iron and nickel electrodes at several pH values. The rate
constants and exchange currents calculated from the data in Figure 3 are summarized in
Table 1. At a pH value of 3, the exchange current for the iron electrode of 2.7 .tA/cm 2 is
close to the value of 2.0 mAJcm 2 that has been previously reported for iron in acid

solutions (5). At pH value of 1, the exchange current of 3.4 p.A/cm 2 for the nickel
electrode is reasonably close to the value of 6.3 mA/cm 2 that has been previously reported
for nickel in acid solutions (4).

Because the free corrosion potentials for iron and nickel electrodes are significantly
below the Eeq for the HER reaction, the rate of atomic hydrogen oxidation on the
electrode surface will be small compared to the rate of H + reduction. Therefore,
corrosion currents i corr )rmin
determined from Tafel scans and k2 values determined from the
(

polarization experiments can be used to determine OH values under open circuit
conditions ( 67). Under open circuit conditions, ic is equivalent to and the hydrogen
surface coverage can be determined from:
eo;:p

AIPT

(9)
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As shown in Table 2, i„„ values for the iron and nickel electrodes at several pH values
ranged from 0.73 to 63.3 1.1.A. From the k 2 values in Table 1,

0.02 to 0.08 were obtained for the iron and nickel electrodes.

8J"

ranging from
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3.6 Tables

Table 1. Best-fit electron transfer coefficients ( a and their corresponding
correlation coefficients (R 2 ) along with exchange current densities (4) and
discharge (k1) and recombination (k2) rate constants for iron and nickel electrodes
in CaSO4 electrolyte solutions at different pH values
)

Electrode

pH

eiR

Iron
Iron
Nickel
Nickel
Nickel

7
3
7
3
1

0.30
0.50
0.30
0.39
0.50

2

0.99
0.93
0.88
0.91
0.85

(pA/cm 2 )
lo

k1 (cm/s)

k2(p.mol cm -2 s -1 )

0.23
2.7
0.25
0.76
3.4

6.7 x 1 0 3
7.7 x 10 -6
7.1 x 10 -3
2.2 x 10-6
9.8 x 10 -8

1.5x 1 112
8.9x 1012
2.5x 10 -2
5.9x 10 -2
1 1 X 10 -1
.
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Table 2. Corrosion current densities (i
corr,1 and fractional hydrogen
surface coverages under open circuit conditions ( 67) for iron and
nickel electrodes at different pH values in CaSO4 electrolyte solutions.
,

Electrode

PH

icorr .73
(r /cm 2 )

OH

Iron
Iron
Nickel

7
3
7
3
1

32
0.64
29
63

0.02
0.06
0.02
0.07
0.08

Nickel

Nickel
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3.7 Figures
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Figure 1. Steady state currents as a function of applied potential for an iron rotating disk
electrode in a 10 mM CaSO4 solution at pH value of 7.
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Figure 2. Charging function versus -\/ for the data in Figure 1 for two different transfer
coefficient values.
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Figure 3. Charging function versus VT, at different pH values using the best-fit a values
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listed in Table 1 for iron (a) and nickel (b) rotating disk electrodes.
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Figure 4. Fractional hydrogen surface coverages ( EH) as a function of electrode potential
at different pH values for iron (a) and nickel (b) rotating disk electrodes.

67

CHAPTER 4
UNDERSTANDING REDUCTION OF CARBON TETRACHLORIDE AT
NICKEL SURFACES

4.1 Abstract
Nickel has been found to be an effective cathode material and catalyst for reductive
destruction of chlorinated solvents in contaminated water. This study investigated
reductive dechlorination of carbon tetrachloride (CT) at a nickel rotating disk electrode
using chronoamperometry and electrochemical impedance spectroscopy.
Chrono amperometry experiments were performed to determine rates of CT reduction as a
function of the electrode potential, pH, CT concentration, and temperature. The reaction
products of CT dechlorination were 95±4% methane and 4.1±2.5% chloroform. Only
trace levels of methylene chloride and chloromethane were produced, indicating that
sequential hydrogenolysis was not the predominant pathway for methane production.
Electrochemical impedance spectroscopy showed that the rate-limiting step for methane
production was the transfer of the first electron to a physically adsorbed CT molecule.
The temperature independence of the electron transfer coefficients and the decreasing
activation energies with decreasing electrode potential indicated that the rate-limiting step
involved an outer-sphere electron transfer. At neutral pH values, oxides inactivated much
of the electrode surface for both CT reduction and hydrogen evolution. At lower pH
values, oxide dissolution served to increase the electroactive surface area of the disk
electrode. Anson analysis and kinetic modeling showed that CT adsorption to
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electroactive sites was a non-linear function of the CT concentration, and was in
equilibrium with the bulk solution. CT dechlorination rates on nickel electrodes were 16
times slower than those on iron electrodes under similar conditions. However, CT
reactions at nickel surfaces produced predominantly methane as the first detectable
product, while reduction at iron surfaces produced chloroform. These results suggest that
although nickel is not a catalyst for the rate-limiting step for CT dechlorination, it may
serve a catalytic role in subsequent reaction steps.

4.2 Introduction
Nickel has been used as a catalyst to increase rates of chloroethene reductive
dechlorination by zerovalent iron (1-4). In laboratory and pilot studies, small amounts of
nickel plated on iron filings have been found to increase rates of trichloroethylene (TCE)
dechlorination by one to two orders of magnitude (3, 4). In addition to yielding faster
rates of TCE dechlorination, Sivavec et al. reported that reactions at nickel surfaces
produced more completely dechlorinated products than iron alone (5). Although nickel is
an effective catalyst for chloroethene reduction by corroding iron media, it may be of
little practical use due to deactivation of the nickel by iron oxides (6).
The problem of nickel catalyst fouling by iron corrosion products has been obviated
through the use of nickel cathodes for promoting reductive dechlorination reactions (7).
Nickel cathodes have been found to produce faster halocarbon dechlorination rates than
other metals, such as iron, zinc, and copper (8). Nickel has also been used as an electrode
material for the cathodic destruction of other toxic compounds in aqueous systems (9).
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The high activity of nickel surfaces for organic compound reduction has been attributed
nickel's ability to chemisorb atomic hydrogen, which then serves as the reducing agent
(9 ,1O). Although atomic hydrogen has been found to reduce chloroethenes and other

toxic organic compounds faster than direct electron transfer (9, 11), the effect of atomic
hydrogen on chloroalkane reaction rates has not been established. Evidence from
chloroaLkene reactions suggests that the catalytic activity of nickel for reduction of
chloroalkanes will largely depend on their reactivity with atomic hydrogen.
This research investigated the reaction mechanisms involved in reductive
dechlorination of carbon tetrachloride (CT) at a nickel cathode. The goals of this study
were to determine: 1) the rate-limiting mechanism for CT reduction at nickel surfaces; 2)
the products of CT reduction; and 3) the catalytic activity of nickel for CT reduction.
Chronoamperometry experiments using a rotating nickel disk electrode were performed
to determine rates of CT dechlorination as a function of potential, CT concentration, pH,
and temperature. Transfer coefficient analysis and electrochemical impedance
spectroscopy were used to determine the rate-limiting step for CT dechlorination. A
kinetic model accounting for the potential and concentration dependence of CT reaction
rates based on a rate-limiting step involving an outer-sphere electron transfer reaction
was developed.

Electrochemical Kinetics
In the absence of mass transfer limitations, the potential dependence of multistep
electrochemical reactions can be described by the Butler-Volmer equation (12):

i = i o[e

-

CIF (E— E eq ) I RT _

e liF (E—E eq ) I RT ]
(1)
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where i is net reaction current, io is the exchange current, F is the Faraday constant, R is
the gas constant, T is the temperature, E is the electrode potential, Eeq is the equilibrium
potential for the redox reaction, and a and a are the electron transfer coefficients for
the reduction and oxidation reactions, respectively. The first term in brackets represents
the rate of the forward reduction reaction, while the second term gives the rate of the
reverse oxidation reaction. The exchange current depends on the reactant concentrations
and the nature of the electrode material. The transfer coefficients depend on the number
of electrons transferred before ( Y) and after ( Y) the rate determining step, the number of
times the rate determining step must occur (v), and the symmetry factor (fl) for the
reaction (13). For an overall reaction that involves the transfer of n electrons, the forward
and reverse transfer coefficients may be expressed as (13):
de=l
i

+06

n

43,

(2)
(3)

where r = 0 if the rate determining step does not involve electron transfer, otherwise r =1.
The fl parameter is dependent on the symmetry of the potential energy surface between
the transition state and the reactant and product species (13). For a single-step electron
transfer reaction, /3 represents the fraction of the applied overpotential that goes towards
overcoming the activation energy of the reduction reaction, while (1-fi) represents the
fraction of the overpotential that goes towards increasing the activation energy for the
reverse, anodic reaction (13).
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4.3 Materials and Methods

All experiments were performed in 10 mM CaSO4 background electrolyte solutions
using an EG&G Princeton Applied Research (Oak Ridge, TN) model 616 rotating disk
electrode in 25 mL glass cells. Unless otherwise stated, experiments were conducted at a
pH value of 7. In experiments conducted at other pH values, H2SO4 or NaOH were
added to adjust the solution pH. A 1.13 cm diameter nickel or iron disk (Metal Samples
Co., Mumford, AL) with a nominal surface area of 1 cm 2 was used as the working
electrode in all experiments. A Hg/Hg2504 electrode (EG&G) was used as the reference
electrode, and a 0.3 mm diameter by 4 cm long platinum wire (Aesar, Ward Hill, MA)
was used as the counter electrode. The counter electrode was encased within a Nafion ®
(Dupont) proton permeable membrane in order to prevent oxidation of reactant and
product species.
In the kinetic experiments, the disk electrode was rotated at a speed of 100 rpm and
the solutions were continuously purged with -100 mL/min of nitrogen gas in order to
maintain anaerobic conditions and to rapidly remove reaction products from the solution.
CT concentrations in the reaction cell were controlled at constant values by continuous
addition of CT to the nitrogen purge stream. Experiments measuring reaction products
were conducted using the disk electrode in a sealed glass cell with no nitrogen purging.
Before all experiments, the working electrode was chemically and mechanically polished
with an EG&G electrode polishing kit. The disk was then conditioned at -785 mV with
respect to the standard hydrogen electrode (SHE) prior to each experiment in order to
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achieve a repeatable initial surface condition. All potentials are reported with respect to
the SHE.
Chronoamperometry (CA) and EIS experiments were performed in background
electrolyte solutions and in solutions containing CT at potentials ranging from -635 to 885 mV/SHE. Electrode potentials were controlled and recorded with an EG&G model
273A potentiostat and Powersuite software. EIS experiments were conducted by
coupling the 273A potentiostat with an EG&G 5210 impedance phase analyzer. A
sinusoidal amplitude modulation of ±10 mV was used over a frequency range from 1
mHz to 100 KHz.
At the start of each CA experiment, the electrode potential was stepped cathodically
from its open circuit potential in the blank electrolyte to the desired potential. This
generated a constant current for water reduction. After 10 minutes of electrolyzing the
blank solution, the electrode was withdrawn from the solution and CT was added to the
nitrogen purge gas. Once the solution concentration had reached its steady state value,
the electrode was placed back into solution, the applied potential was momentarily
terminated, and the potential was stepped from the open circuit potential to the desired
potential for a period of 10 minutes.
Rates of CT dechlorination in the kinetic experiments were determined from the
rates of chloride ion generation and the composition of the reaction products. Chloride
ion concentrations were determined by triplicate analyses of 5 mL samples using a
Dionex DX 500 ion chromatograph. CT concentrations in the kinetic experiments were
measured with a Hewlett-Packard 5890 Series II gas chromatograph (GC) equipped with
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an electron capture detector and autosampler. Samples were prepared by injecting 100
pL aqueous samples into 1 g of pentane. Reaction product concentrations were
determined via headspace analysis using a Hewlett-Packard 5890 GC equipped with
flame ionization detector.

4.4 Results and Discussion

A current profile from a typical CA experiment is illustrated in Figure 1. The
potential step at the commencement of each experiment resulted in a current surge due to
charging of the electrical double layer at the electrode surface, and to reduction of
protons and CT adsorbed to the electrode under open circuit conditions. Since the
solutions were anaerobic, the current in the blank solution can be attributed to hydrogen
evolution resulting from water reduction according to (13):

H + +e -

(4)

H + H —> 112
.

.

(5)

Addition of CT to the solutions resulted in greater currents than those in the blank
electrolyte. At a potential of -885 mV, the data in Figure 1 show that a CT concentration
of 2 mM increased the current by 220 [IA over that in the blank solution. However, the
chloride released during this experiment indicated that the average current for CT
reduction was 375 1..1A. This indicates that CT reduction competed with the hydrogen
evolution reactions on the electrode surface. The currents associated with CT reduction
indicate that over the course of each 10 min experiment, the average Faradaic current
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efficiency for CT reduction at a concentration of 2 mM was 95±5%, and was independent
of the temperature and electrode potential.
The reaction products determined by GC analyses were 95±4% methane and
4.1±2.5% chloroform, and only trace amounts of methylene chloride and chloromethane
were observed. These products indicate that 2 electrons were required for each chloride
ion released. Mass balance errors up to 10% were observed between the CT loss
determined by Cl release and the GC analyses of reaction products, with lower mass
balances determined by GC. This disparity can likely be attributed to the loss of volatile
reaction products. Currents for hydrogen evolution were determined by subtracting the
current for CT reduction from the total cell current.
The data in Figure 1 show that CT at a concentration of 2 mM blocked more than
88% of the hydrogen evolution that occurred in the blank electrolyte. Lower
concentrations of CT resulted in less blocking of hydrogen evolution, as shown in Figure
2. Lower potentials also resulted in less blocking of hydrogen evolution. This can be
attributed to faster turnover of electroactive sites at lower potentials, and a greater a for
H2

evolution than for CT reduction. Blocking of the hydrogen evolution reaction by CT

could arise from preventing reaction 4 by blocking active sites on the electrode surface,
or by reacting with H ° and thereby decreasing the rate of reaction 5.
The importance of active site blocking by CT can be assessed from the amount of
CT adsorbed on the electrode surface. The amount of adsorbed CT can be determined
using Anson analysis of the early time CA profiles (12). Figure 3a shows an Anson plot
of the early time currents for CT reduction and hydrogen evolution for a CT
concentration of 2 mM. Extrapolation of the early time charge delivered (Q) to zero time
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can be used to determine the amount of CT adsorbed on the electrode surface under open
circuit conditions (12). Assuming an area of 0.32 nm 2 for each adsorbed CT molecule,
Figure 3b shows the fraction of the nominal 1 cm 2 of the electrode surface covered by
adsorbed CT as a function of the CT concentration. The near complete blocking of
hydrogen evolution despite the small fraction of the electrode surface covered by
adsorbed CT at a concentration of 5 mM suggests that only a small fraction of the surface
was electroactive. This can most likely be attributed to the presence of oxides on the
nickel surface that are not electroactive. Previous investigations have shown that the f3

-

Ni(OH) 2 that forms on nickel cathodes passivates the surface and cannot be reduced back
to metallic nickel under cathodic polarization (14).

Rate-Limiting Step Determination
The magnitude and temperature dependence of the electron transfer coefficient can
be used to gain insight into the rate-limiting step for multistep electrochemical reactions
(13, 15). In the experiments in this study, the applied potentials were sufficiently below

E e,q that the anodic term in equation 1 was several orders of magnitude smaller than the
cathodic term. Therefore, the cathodic charge transfer coefficient can be calculated from
(15):

â=

2.3RT- d log ro. 1
F
dE

Figure 4a shows data for determining

(6)

LI

e? for CT at 22 °C, and the b( values determined at
.

temperatures between 2 and 42 °C are shown in Figure 4b. For a rate-limiting step that
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involves the breaking of chemical bonds or atomic rearrangement, the apparent df values
normally increase with temperature, since these steps are thermally activated (16, 17). In
contrast, et values that are independent of temperature are indicative of a rate-limiting
mechanism that involves an outer-sphere electron transfer step. A multiple partial f-test
(18) was performed to determine if the transfer coefficients in Figure 4b were a function

of temperature. The statistical analysis indicates that the

et values were independent of
-

temperature at the 95% confidence level. This is consistent with a rate-limiting
mechanism that is limited by an outer-sphere electron transfer step.
Analysis of the apparent activation energies (E a ) for CT reduction at different
electrode potentials also indicates that an outer-sphere electron transfer reaction was the
rate-limiting step for CT dechlorination. Figure 5 shows the apparent activation energies
for CT reduction determined from the reaction rates measured between 2 and 42 °C over
the potential range from -635 to -885 mV. The data in Figure 5 show that the E a for CT
reduction decreased with decreasing electrode potential. This is consistent with a ratelimiting step that involves electron transfer (13). In electron transfer reactions, the
apparent E a depends on the electrode potential according to (13)
E a = E:q + &F (E — E aq )

(7)

where E:q is the activation energy at the equilibrium potential. For CT reduction,
cathodic polarizations resulted in negative overpotentials (E-Ee q ), and therefore resulted
in decreasing Ea values with increasingly negative electrode potentials.
The electrochemical impedance spectroscopy (EIS) data in Figure 6 shows Bode
phase plots (19) at a potential of -685 mV for blank electrolyte and 100 iaM CT solutions.
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Each peak in the profiles corresponds to a unique reaction whose rate affects the overall
impedance to current flow (20). The single peak in the blank solution corresponds to the
rate-limiting Volmer discharge step given by reaction 4 (13). The presence of only one
peak in the blank solution indicates that the rate of reaction 5 did not affect the overall
rate of hydrogen evolution. This is consistent with previous studies of hydrogen
evolution on nickel electrodes (21). In the CT solution there were two peaks, one
corresponding to the Volmer discharge step for hydrogen evolution, and one
corresponding to the rate-limiting step for CT reduction. The presence of only one
additional peak in the CT solution indicates that transfer of the first electron to a CT
molecule was the rate-limiting step for CT reduction to methane.

Kinetic Model
A rate expression for CT dechlorination can be derived based on a reaction scheme
that occurs via an adsorption step followed by a reaction involving a single electron
transfer. These reactions may be expressed as:
CC1 4 + Ni<—>(NOCC1 4(8)
(Ni)CC14 + C —>(ATOCC1: (9)
-

where (Ni)CC1 4 represents a CT molecule physically adsorbed on the Ni surface, and
(NOGG/4 represents an adsorbed tetrachloromethyl anion radical. Transfer coefficient,
–

activation energy, and EIS analysis showed that reaction 9 was the rate-limiting step
under the conditions of this investigation. According to transition state theory, reaction 8
is therefore in equilibrium under steady-state conditions (22).
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The reaction rate for CT reduction can be written as:
rcr = —k OcT(10)
the fraction of the electroactive

where k is the rate constant for reaction 9, and O

surface covered by adsorbed CT. Rates of CT adsorption (r ads ) and desorption (r des ) may
be expressed as:

rads = k ads (1— OcT ) Cs(11)
rdes = k des OCT

(12)

where C s is the aqueous concentration of CT in equilibrium with the electrode surface,
and k ads and k des are the adsorption and desorption rate constants, respectively. Because
reaction 8 is in equilibrium under steady-state conditions, rads is equal to rd es , and
equations 11 and 12 may be combined to yield:
keq C s

° = 1+k
CT

(13)

eq C s

where keg = kads 1 kdes . Inserting equation 13 into equation 10 gives the rate expression for
CT dechlorination as:
r

k

kC
eq

(14)

8

1+ k eq C s

Because reaction 9 is the rate-limiting step and involves outer-sphere electron transfer,
according to the Butler-Volmer equation k depends exponentially on the potential and
may be expressed as:
k = k'

exp(

--et'F(E — E e )
RT

q

)

(15)

79

where k' is the rate constant at the equilibrium potential. Combining equations 14 and 15,
the rate of CT reduction can be expressed as:

r=

C,T (E — E e q)1
exp
1+ k eg C sRT
k' k eg

(16)

The validity of equation 16 was determined by measuring rates of CT dechlorination
as a function of the CT concentration, as shown in Figure 7 for an electrode potential of 685 mV. In determining the constants, k' and k e the bulk solution concentration was
substituted for C. This approximation is valid since the mass transfer rate to the
electrode surface at 100 rpm was always more than two orders of magnitude greater than
the rate of CT dechlorination. Under this condition, the bulk solution concentration and
C s differed by less than 1%. Further validation of the model is given in Figure 8 where
the rate constants determined at an electrode potential of -685 mV are used to predict CT
reaction rates at a potential of -885 mV. The good agreement between the rate data and
the model prediction at potential of —885 mV supports the kinetic model based on an
outer-sphere electron transfer reaction as the rate-limiting step.

pH and Surface Oxide Effects
For a rate-limiting step that involves an outer-sphere electron transfer, the reaction
rate should be independent of the solution pH value, if pH does not affect the condition of
the electrode surface. For circumneutral pH values, CT reaction rates showed a very
weak pH dependence. Compared to reaction rates at a pH value of 7, 5% faster rates
were observed at a pH value of 4, while rates at a pH value of 9 were 3% slower. This
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slight trend of increasing reaction rates with decreasing pH values can most likely be
attributed to increasing dissolution of the surface oxides with increasing solution acidity.
This conclusion is supported by the data in Figure 9 which shows that CT reaction rates
at a pH value of 1.8 were more than two orders of magnitude greater than those at a pH
value of 7.
The more than two orders of magnitude increase in CT reaction rates obtained by
lowering the pH value from 7 to 1.8 can be attributed to an increase in electroactive
surface area resulting from oxide dissolution. The Anson plot in Figure 10 at a pH value
of 1.8 indicates that more than 82% of the surface was electroactive for CT reduction. In
contrast, the data in Figure 3 indicate that less than 1% of the nominal 1 cm 2 surface area
was electroactive at a pH value of 7. This dramatic effect of oxide dissolution on CT
reaction rates suggests that dechlorination reactions largely occur where cracks in the
oxide expose bare metal surfaces.
Comparison of CT reaction rates on iron and nickel surfaces also suggests that
surface oxides may be a dominant factor affecting CT reaction rates on base metal
cathodes. Figure 11 compares reaction rates for CT reduction by iron and nickel rotating
disk electrodes at a pH value of 7. Over a wide concentration range, CT reaction rates on
nickel were 16 times slower than those measured on iron surfaces. However, CT
dechlorination by the iron electrode resulted in near stoichiometric production of
chloroform (15), while methane was produced in near stoichiometric amounts by the
nickel electrode. For both materials, the rate-limiting mechanism was the outer-sphere
transfer of the first electron, and the electron transfer coefficients of 0.23±0.02 were
statistically identical (15) .
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A possible explanation for the greater rate of the rate-limiting step on iron versus
nickel may be a greater electroactive surface area for the iron RDE. In a previous study,
Anson analysis indicated that approximately 15% of the nominal 1 cm 2 of iron surface
was electroactive for CT dechlorination at a pH value of 7 (23). This is a factor of 16
greater than that observed in this study, and suggests that differences in reactivity
between iron and nickel electrodes for the rate-limiting step in CT dechlorination may
largely be attributed to differences in electroactive surface area. However, nickel does
appear to be catalytic in promoting methane production over chloroform.
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4.5 Figures
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Figure 1. CA profiles for a rotating nickel disk electrode in 10 mM CaSO4 electrolyte
solutions with and without 2 mM CT at an applied potential of -885 mV. Also shown is
the current for hydrogen evolution in the 2 mM CT solution.

83

1.0
0.8
i 0.6
0
0
13-3 0 4

i

l

0.2
0.0

o

1

2

3

4

5

CT Concentration (mM)

Figure 2. The fraction of hydrogen evolution blocked by CT as a function of the CT
concentration at electrode potentials of -685 and -885 mV.
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Figure 3. a) Anson plot of the early time CA profile in a 2 mM CT solution after a
potential step from an open circuit potential of -265 mV to -885 mV; b) Fraction of the
nominal 1 cm 2 surface area of the electrode covered by adsorbed CT under open circuit
conditions.
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Figure 8. Comparison of measured data at an applied potential of -885 mV and the rate
model prediction using parameters determined at -685 mV.
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Figure 9. Comparison of CT reduction rates at pH values of 7 and 1.8. CT reduction
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electrode blocking by hydrogen bubbles.
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CHAPTER 5
FEASIBILITY STUY FOR REDUCTIVE DESTRUCTION OF CARBON
TETRACHLORIDE USING BARE AND POLYMER COATED NICKEL
EELECTRODES

5.1 Abstract
This research investigated the feasibility of an electrochemical reductive

dechlorination method for removing carbon tetrachloride (CT) from potable water.
Reaction rates and Faradaic current efficiencies were measured for CT dechlorination in
small flow-through reactors utilizing bare and silicone polymer coated nickel cathodes.
CT dechlorination resulted in near stoichiometric production of methane. Rates of CT
reduction were found to follow a first-order kinetic model for influent CT concentrations
up to 54 p.M. CT disappearance was limited by its reaction rate, and the performance of
the reactor could be approximated with an ideal plug-flow reactor model. Destruction
half-life values for CT with the bare nickel electrode ranged from 3.5 to 5.8 minutes for
electrode potentials ranging from -652 to -852 mV with respect to the standard hydrogen
electrode (SHE). The apparent electron transfer coefficient for CT reduction was only

0.06. The low transfer coefficient can be attributed to oxides coating the electrode
surface that contributed to an additional Faradaic impedance for CT reduction. Faradaic
current efficiencies for CT reduction were found to decline with decreasing electrode
potential. This can be attributed to an electron transfer coefficient for water reduction of
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0.33 that was significantly greater than that for CT reduction. Faradaic current
efficiencies could be increased by 100 to 360% by coating the electrode with a silicone
polymer. In addition to decreasing the rate of water reduction by acting as hydrophobic
mass transfer barrier, the polymer coating resulted in small increases in CT reaction rates.
A feasibility assessment indicated that the energy costs for reductive dechlorination are
less than the operating costs for other treatment methods, such as activated carbon
adsorption. The main impediment to electrochemical treatment for removing CT from
water is the slow reaction rate that requires large reactors to achieve sufficient hydraulic
detention times.

5.2 Introduction

In recent years there has been considerable interest in developing destructive
treatment methods for removing chlorinated organic compounds from contaminated
waters. The presently used treatment methods of air-stripping and adsorption on
activated carbon merely transfer the chlorocarbons from water to another medium, which
then requires treatment or disposal. Disposal often involves internment in hazardous
waste landfills or incineration. Landfill disposal is becoming increasingly expensive due
to the liability involved with the long-term storage of hazardous materials. Incineration
of chlorocarbons is difficult due to their low flammability, and their production of highly
corrosive hydrochloric acid upon combustion. Additionally, expensive precautions must
be taken to avoid incomplete combustion that often produces highly toxic products, such
as dioxins, furans and phosgene (/).
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Reductive destruction of chlorinated solvents in water has been a very active research
area since Gillham and O'Hannesin (2) showed that metallic iron filings could be utilized
in passive groundwater remediation schemes (2-6). In this process, the zerovalent iron
serves as an electron donor to reductively dechlorinate the halocarbons to their
nonchlorinated analogs and chloride ions. Due to the slow reaction kinetics,
dechlorination using corroding iron requires contaminant-iron contact times ranging from
hours to days, and is therefore only suited for in situ groundwater treatment.
In addition to treatment methods utilizing zerovalent iron, several investigators have
focused on reductive dechlorination methods that can be employed in above ground
canister treatment systems (7-11). Many of these of these methods use palladium or
platinum as a reduction catalyst and hydrogen as the electron donor. Other investigators
have attempted electrochemical reduction of chlorinated compounds using palladium
supported on carbon and graphite cathodes (9, 10, 12, 13). Although rapid dechlorination
rates have been achieved using noble metals, the effectiveness of the catalyst is shortlived due to fouling by dissolved carbon dioxide and reduced sulfur compounds (14, 15),
and to loss of catalyst from the electrode surface (12, 13).
To avoid problems with catalysts, several investigators have used porous iron and
copper cathodes for reductive dechlorination of carbon tetrachloride (CT) (16, 17). These
systems are capable of steady long-term performance without fouling (16). However,
reduction of CT by copper and iron cathodes often produces significant amounts of
chloroform (18). Chloroform production from CT reduction is undesirable because
chloroform dechlorination rates are up to an order of magnitude slower than those for CT

96

(4, 5, 16). A recent study in our laboratory has found that CT reduction at nickel surfaces

results in near stoichiometric production of methane as the first detectable product (19).
The absence of significant chloroform production makes nickel cathodes attractive for
developing a practical treatment scheme for CT reductive dechlorination.
A practical dechlorination scheme must possess fast reaction rates, high Faradaic
current efficiencies, and not be susceptible to catalyst fouling. A major impediment to
achieving these objectives is the polar surface of metal electrodes that results in low
halocarbon concentrations adsorbed on the electrode surface. This makes it difficult to

achieve both high reaction rates and high current efficiencies. The goal of this research
was to obtain kinetic and current efficiency data for CT reduction in a flow-through
reactor using a porous nickel cathode. The effectiveness of a hydrophobic polymer
coating on the electrode surface for increasing reaction rates and Faradaic current
efficiencies was also investigated. The lab reactor data was then used in a technical and
economic feasibility analysis to assess the potential for development of a practical
treatment process.

5.3 Materials and Methods

All experiments were performed using the flow-through reactor shown in Figure 1.
The working electrode consisted of a porous nickel cylinder that was 2 cm in diameter
and 6.1 cm in length. The porous nickel cylinder was produced by lightly sintering 800
.trn diameter nickel spheres (Aesar, Ward Hill, MA) at 550 °C under an argon

atmosphere. The electrode had a surface area of 18 m 2 and 6.5 mL of internal pore
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volume. The anode consisted of carbon cloth (Electrosynthesis Co., Lancaster, NY), that
was wrapped around the cathode. The anode and cathode were separated by an ESC-

7000 cation exchange membrane (Electrosynthesis Co., Lancaster, NY). The electrode
assembly was contained within a 2.5 cm outer diameter (o.d) glass tube fitted with
stainless steel pipe fittings at each end. In this configuration, the water passed only
through the cathode compartment of the reactor. The working electrode potentials were
controlled by a potentiostat and an Ag/AgC1 reference electrode. All potentials are
reported with respect to the standard hydrogen electrode (SHE).
Experiments were also conducted with a silicone polymer coated nickel electrode.
Silicone adhesive (Dow Corning ® ) was dissolved in toluene to produce a 12.8% (w/w)
polymer solution. The electrode was coated with the polymer by immersion into the
silicone solution for 10 minutes. The polymer coated electrode was then allowed to dry
at room temperature under a nitrogen atmosphere for six days. The amount of silicone on
the electrode was gravimetrically determined to be 0.66 g. Based on a polymer density of

0.97 g/mL and the 18 m 2 of nickel surface area, the average silicone thickness on the
electrode surface was 380 A.
All experiments were conducted using a 10 mM CaSO4 background electrolyte
solution that was purged with nitrogen gas prior to entering the reactor. Prior to
performing the experiments investigating CT dechlorination, the electrode was
equilibrated with the feed solution at a potential of —752 mV for 7 days. The flowthrough reactor was operated at flow rates ranging from 1.66 to 6.14 mL/min at potentials
ranging from —652 mV to —852 mV. CT concentrations in the feed water stream were
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controlled using a water-gas contactor consisting of 1 m of 0.25 cm o.d., silicone rubber
tubing contained inside a 1 L sealed glass vessel. The water-gas contactor was purged
with nitrogen gas containing CT at different concentrations. Influent and effluent CT
concentrations were determined by analysis of 5 replicate samples prepared by injection
of 100 mL aqueous samples into 1 g of pentane. Chlorocarbon analyses were performed
with a Hewlett-Packard 5890 series II gas chromatograph equipped with equipped with
an electron capture and detector and autosampler. Methane analyses were performed
using a Hewlett-Packard 5790 gas chromatograph equipped with a flame ionization
detector.

5.4 Results and Discussion

Methane was the predominant reaction product of CT dechlorination. Only trace
levels of chloroform and methylene chloride were observed. The sum of all chlorinated
daughter products accounted for less than 5% of the CT disappearance. These products
indicate that 8 equivalents of electrons were required for each mole of CT destroyed.
Both mass transfer and reaction rate limitations may affect the degree of reactant
conversion in flow-through reactors. The effect of flow rate on CT dechlorination rates
can be used to assess the importance of mass transfer limitations in the flow-through
reactor. Previous research has found that over the concentration range used in this study,
CT reaction rates at nickel electrodes are first order in CT concentration (19). Therefore,
the destruction half-life can be used as a measure of the reaction rate (20). Half-life
values for CT disappearance at three electrode potentials are shown in Figure 2 as a
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function of the flow rate. At each potential, the half-life values for flow rates between 3
and 6.14 mL/min were statistically identical at the 95% confidence level. However, the
half-life values were greater for a flow rate of 1.66 mL/min. The mass transfer
correlation of Wilson and Geankoplis for a packed bed of spherical particles (21) can be
used to estimate the mass transfer coefficient for the reactor. At a flow rate of 1.66
mL/min, the fluid velocity of 0.5 cm/min yields a mass transfer coefficient of 1.2 x10-3
cm/s. This value is 4 orders of magnitude greater than the reaction rate constant of
8.55x10 -8 cm/s at this flow rate, indicating that mass transfer effects had only a small
impact on the observed reaction rates. The slower reaction rates observed at a flow rate
of 1.66 mL/min can be attributed to blocking of the electrode surface by hydrogen
bubbles produced from water reduction. Increasing the flow rate to 3.0 mL/min resulted
in mechanical scouring of the hydrogen bubbles from the electrode, which then resulted
in increased reaction rates.
Conformance of the CT reaction rate to a first-order kinetic model was confirmed by
measuring the CT half-life as a function of the influent concentration at a flow rate of 3.0
mL/min. As shown in Figure 3 for an electrode potential of -652 mV, the CT half-life
values were independent of the influent concentration. This confirms that the reaction
rates were well-described by the first-order kinetic model given by:
dC

=—kC
-

dt

(1)

where C is the CT concentration, k is the first order rate constant and t is time. The
dependence of the rate constant on the electrode potential (E) can be used determine the
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electron transfer coefficient (de ) for CT reduction in the flow-through reactor. The
relationship between the potential, rate constant, and electron transfer coefficient is given
by (22):

—dF(E — E 0 )1
k = k, exp 1
RT
j

(2)

-

where k, is the rate constant at an arbitrary reference potential (E0 ), F is the Faraday
constant, R is the gas constant and T is temperature. The half-life data in Figure 2 for
flow rates greater than 3 mL/min yield an

a

value of 0.06. This value is considerably

smaller than the theoretical value of 0.5 recently calculated using ab initio quantum
chemistry techniques (23), and also smaller than the value of 0.23 that was recently
measured using a nickel rotating disk electrode reactor (19). The smaller Ce value
observed in this study can likely be attributed to a greater effect of oxides coating the
nickel surface in the flow-through reactor, as compared to the rotating disk electrode.
This hypothesis is based on results from a previous study that found that oxides present
on nickel cathodes depress the apparent electron transfer coefficient (24).
Visible black oxides were observed to form on the electrode during the first several
days elapsed. Concomitant with the oxide formation was an order of magnitude drop in
the current for water reduction at a fixed potential. Although there was considerable
oxide formation during the first several days of operation, after the initial equilibration
period there was no measurable change in the reactor performance over a 9-month period
of continuous operation. Temporarily polarizing the electrode to lower potentials had no
effect on reduction of the oxides as evidenced by the steady state currents for hydrogen
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evolution. This is consistent with past observations of the recalcitrance of fi-Ni(OH)2
towards cathodic reduction (25).
The Faradaic current efficiency, defined as the fraction of the cell current going
towards CT reduction, is one of the main factors affecting the economic feasibility of
reductive dechlorination as a treatment technique. Figure 4 shows the current efficiencies
for CT reduction as a function of the CT concentration for three different electrode
potentials. In addition to lower current efficiencies with decreasing CT concentrations,
the current efficiencies also decreased with decreasing electrode potential. This can be
attributed to a smaller a value for CT reduction as compared to that for water.
Experiments in the blank electrolyte measured an

a

value of 0.33 for water reduction.

Therefore, as the potential was lowered, water reduction increased at a faster rate than CT
reduction.
The hydrophilic nature of the oxide coated nickel surface resulted in low
concentrations of CT adsorbed to reactive sites. A previous investigation found that even
at its aqueous saturation concentration of 5000 p.g/L, adsorbed CT covered less than 1%
of the electrode surface under open circuit conditions (19). This suggests that there is
room for substantial improvement in the current efficiency if CT adsorption can be
increased and water adsorption decreased. The effect of a silicone polymer coating the
electrode was investigated in blank and CT containing solutions. Figure 5a compares
currents for water reduction as a function of potential for uncoated and silicone coated
nickel electrodes. At all three potentials, lower rates of water reduction were observed on
the silicone coated electrode. This can be attributed to the silicone polymer acting as a
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mass transfer impedance for water reduction. The small effect of the polymer at -652 mV
can be attributed to mass transfer rates that were only slightly below the reaction rate on
the uncoated electrode. The large effect of the polymer at -852 mV can be attributed to
reaction rates on the uncoated electrode that were much faster than the rate that water was
able to diffuse through the polymer coating.
In addition to decreasing the rate of water reduction, the silicone polymer resulted in
a slight increase in CT reaction rates at potentials of -752 and -852 mV, as shown in
Figure 5b. This indicates that despite introducing mass transfer limitations, the silicone
polymer was able to increase CT concentrations at the electrode surface. Although the
increases in CT reaction rates were small, the combined polymer effect on water and CT
reduction yielded 100 to 360% increases in current efficiency, as shown in Figure Sc.
The effects of the polymer coating were long-lasting, with negligible change in
performance over a six month period of continuous operation.

Feasibilty Assessment

Because mass transfer and dispersion effects were found to have a negligible impact
on CT reaction rates, the reactor can be approximated as an ideal plug-flow reactor for
modeling purposes (20). For a plug-flow reactor, the influent (Ç) and effluent ( Co .)
CT concentrations are related by:

C 1 = C. exp[ k0]
0

—

(3)

where 0 is the hydraulic residence time. Rate constants determined from the data in
Figure 2 can be used to determine the relationship between the influent and effluent
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concentrations and the hydraulic detention time. Figure 6 shows effluent CT
concentrations as a function of the detention time for an influent concentration equal to
the saturation concentration of 5000 p.g/L. For the uncoated electrode, residence times
ranging from 39 to 58 minutes are required to reach the drinking water maximum
contaminant level (MCL) of 5 1,1g/L (26); while for the polymer coated electrode a 8
value as short as 32 minutes can be used. These times are considerably longer than
typical residence times on the order of 10 minutes that are normally used in activated
carbon treatment systems (27). Thus, the reactor volume required for electrochemical
treatment of water saturated with CT will likely be too large make electrochemical
treatment a favorable alternative to adsorption systems. However, for lower influent
concentrations, the process may be technically feasible, with detention times ranging
from 11 to 20 minutes per order of magnitude decrease in CT concentration.
The energy requirements to remove CT to the drinking water MCL are shown in
Figure 7 as a function of the influent concentration. The parameter most affecting the
energy requirement is not the influent concentration, but rather the electrode potential.
Although operation at lower potentials decreases the required hydraulic detention time,
decreasing the potential rapidly increases the energy requirement. However, for power at
a cost of $0.10 per kW-hr, the costs per cubic meter for electrochemical treatment are
commensurate with those for activated carbon systems. For example, for an influent CT
concentration of 100 [tg/L, the cost for activated carbon adsorption is approximately

$0.29 per cubic meter of treated water (28). For all potentials tested, this cost in higher
than those for electrochemical treatment. For an influent concentration of 1,000 l.tg/L,
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the cost for activated carbon treatment of $2.90/m 3 is significantly greater than those for
electrochemical treatment. The reasonable energy costs for electrochemical treatment
suggest that slow reaction rates requiring large reactor volumes is the main impediment
to developing electrochemical methods for removing chlorinated solvents from
contaminated water. Of course, issues associated with scale-up to a practical reactor size
must also be considered.
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Figure 1. Schematic diagram of the flow-through reactor and experimental setup.
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CHAPTER 6
ELECTROCHEMICAL INACTIVATION OF TRICLOSAN WITH BORON
DOPED DIAMOND FILM ELECTRODES

6.1 Abstract
This research investigated an electrochemical method for inactivating contaminated
stockpiles of the biocidal agent, triclosan. The goal of the electrolysis was to produce
products that were amenable to treatment in conventional activated sludge treatment
systems. Triclosan oxidation in electrochemical cells with boron doped diamond (BDD)
film anodes was investigated in aqueous solutions at a pH value of 12.
Chronoamperometry experiments showed that direct oxidation of triclosan occurred at
potentials below those for H20,

cr or OH

-

oxidation. Measurable rates of triclosan

oxidation began at potentials above 0.4 V with respect to the standard hydrogen electrode
(SHE), while potentials of 0.5, 1.3 and 1.8 V were required to obtain measurable
oxidation rates of H20,

cr and Off, respectively. At anode potentials below 2 V, the

dominant electrode reaction involved direct triclosan oxidation, while indirect oxidation
was the dominant pathway at higher potentials. However, cyclic voltammetry
experiments showed that direct oxidation of triclosan resulted in the formation of a
partially passivating film on the electrode that could only be removed by hydroxl radicals
generated from OH oxidation at potentials above 2 V. Direct triclosan oxidation showed
-

a very weak potential dependence suggesting that its oxidation was limited by chemical
dependent factors, rather than by an electron transfer reaction. Organic triclosan
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oxidation products consisted primarily of chlorinated acetic acids and chlorinated
phenolic compounds. Although the byproducts of triclosan oxidation became
increasingly less reactive with increasing electrolysis time, triclosan could be completely
oxidized to CO2 at current densities above 2 mA/cm 2 . Microtox ® testing indicated that
residual triclosan accounted for nearly all the toxicity in the treated water, despite the fact
that chlorinated byproduct concentrations were significantly higher than those of triclosan
itself.

6.2 Introduction
Triclosan has been used as an antimicrobial agent in consumer products for over 30
years (1). A wide variety of household products, such as toothpaste, mouthwash, soaps,
cosmetics, plasticware, and fabrics employ triclosan as an antiseptic or preservative. It is
active against both gram-negative and gram positive bacteria and a wide range of yeasts
and fungi (2). In addition to its high toxicity to bacteria, triclosan is also acutely toxic to
algal species, fish, protozoa, and other aquatic organisms (3).
A recent study by the United States Geological Survey found triclosan to be the third
most ubiquitous manmade compound in surface streams in the United States (4). It has
been found entering wastewater treatment plants at concentrations ranging from 0.07 to
14,000 p.g/L (3,5,6), and is only partially degraded in activated sludge treatment systems
(3,7). Although its phenolate form is photodegradable, it may become more
environmentally stable in wastewater treatment plants due to biological methylation of
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the phenolic group (3). Due to its widespread use and environmental persistence, it has
been found worldwide in lakes, sediments, aquatic organisms, and human milk (7).
Aging stockpiles of triclosan often become contaminated by polychlorinated dioxins
as a result of exposure to heat or ultraviolet light (8). Because chlorodioxins are among
the most highly carcinogenic compounds known, stockpiles adulterated by even trace
levels of these compounds cannot be used. Triclosan is stable in acid solutions and
towards base hydrolysis (9). This makes disposal of contaminated stockpiles a problem
for the wide variety of industries that use triclosan. Incineration of contaminated
stockpiles on a small scale is impractical due to the precautions that must be taken to
avoid producing chlorinated organic byproducts during the incineration process. The
high toxicity of triclosan to bacteria precludes disposal of contaminated or aging
stockpiles via biodegradation. The limitations of incineration and biodegradation were
the motivation for investigating the electrochemical destruction of triclosan. The goal of
the electrochemical oxidation scheme was to convert triclosan into biodegradable
compounds that could be treated in conventional activated sludge treatment plants.

Electrochemical Oxidation
In recent years there has been increasing interest in developing electrochemical
methods for purifying waters containing organic contaminants. Conventional advanced
oxidation technologies for wastewater treatment employ hydrogen peroxide or a Ti02
photocatalyst for oxidant generation. Both the peroxide and TiO 2 systems require
ultraviolet (UV) light for creating active oxidant species. Alternatively, some peroxide
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systems utilize ozone or Fenton's reagent in order to induce H202 decomposition (10).
The requirement of UV light or ozone substantially increases the costs for their
associated technologies. The use of Fenton's reagent for wastewater treatment requires a
pretreatment acidification, followed by a post-treatment neutralization, since the optimal
pH value for Fenton's chemistry is in the range of 2 to 3 (10,11).
Electrochemical oxidation of organic compounds in wastewater may offer cost
advantages over commonly used methods. The lower costs may arise from elimination of
expenses associated with H 2 0 2 addition, pH adjustment, or the need for ozone or UV
light. Because the electrical costs associated with UV light and ozone generation are
often the dominant costs associated with H202 oxidation systems (12), eliminating UV
and 03 is expected to result in significant cost savings.
Electrochemical oxidation of organic compounds requires an anode that is stable
under anodic polarization, and that has a low catalytic efficiency for oxygen evolution.
Electrochemical oxidation of organic compounds is generally performed using noble
metal or metal oxide catalysts on noble metal or dimensionally stable titanium supports
(13,14). Although noble metals, such as platinum and palladium, are resistant to

oxidation, they have high catalytic efficiencies for oxygen evolution and are prone to
fouling (15-19). Dimensionally stable anodes, such as titanium coated with active or
inactive catalysts, are less prone to oxygen evolution and fouling, but they do suffer from
leaching of the catalyst from the electrode surface.
Because of these problems, there has been increasing interest in the use of boron
doped diamond (BDD) electrodes for organic compound oxidation (20-22). Although
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diamond is an insulator, boron doping can be used to create conductive, polycrystalline
films that have resistivities less than 0.1 e-cm (20). The advantages of BDD electrodes
over other materials includes their: 1) high resistance to fouling by chemisorbed metals or
other impurities; 2) very low catalytic activity for oxygen evolution; 3) high mechanical
strength and resistance to chemical attack; and 4) high dimensional stability under anodic
polarization.
Organic compounds may be oxidized directly or indirectly via oxidant species
generated from the solvent or electrolyte. Direct electrochemical oxidation of organic
compounds usually involves abstraction of a hydrogen atom or electron at the electrode
surface. Indirect oxidation may occur via reaction with one of several species produced
from water oxidation, such as hydroxyl radicals, H202, or 03 (23). Additionally,
electrolytes such as sulfate and chloride have been found to be oxidized at BDD anodes
under conditions relevant to organic compound oxidation (23). In chloride containing
solutions, indirect organic oxidation may occur via reaction with Cl radicals adsorbed on
the electrode surface, or by reactive chlorine species such as C12, HOC1 or Oa.

6.3 Material and Methods
Batch experiments were conducted in a well-stirred 20 mL sealed glass cell
containing 0.2 M NaC1 electrolyte solutions at a constant pH value of 12. NaC1 was
selected as the electrolyte in order to take advantage of oxidized chlorine species as
oxygen carriers for organic compound oxidation (24). A pH value of 12 was selected in
order to increase the solubility of triclosan (pK a =7.9 (25)) by converting it to its
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phenolate form. The working electrode was a boron doped diamond (BDD) film on a psilicon substrate (CSEM, Neuchâtel, Switzerland) with a nominal surface area of 1 cm 2 .
A stainless steel wire encased in a Nafion® (DuPont) sheath was used as the counter
electrode, and the reference electrode was Hg/Hg2SO4 (EG&G, Oak Ridge, TN).
Experiments were also conducted in a parallel plate flow-through reactor (CSEM)
with a bed volume of 80 mL. The anode consisted of a 100 mm diameter BDD film on psilicon (CSEM), the cathode was a 100 mm diameter zircon disk (Aesar, Ward Hill, MA),
and the reference electrode was a Ag/AgC1 microelectrode (EG&G). Aqueous solutions
were pumped through the reactor using a liquid chromatography pump at flow rates
ranging from 0.63 to 10 mL/min.
In all experiments the voltage or current was controlled using an EG&G model 273A
potentiostat and Powersuite software. All potentials are reported with respect to the
standard hydrogen electrode (SHE). Cylclic voltammetry (CV) scans were performed in
the direction of increasing potential starting at 0.215 V with a vertex potential of 1.615 V
and a scan rate of 50 mV/s. Linear sweep voltammetry (LSV) scans were performed at a
scan rate of 0.5 mVis in order to generate quasi-steady state currents (26). The LSV
experiments were also performed in the direction of increasing potential beginning at 0 V
and ending at 4.0 V. Electrochemical impedance spectroscopy (EIS) experiments were
performed in the batch reactor by coupling the potentiostat with an EG&G 5210 lock-in
amplifier and impedance phase analyzer. A sinusoidal amplitude modulation of ±10 mV
was used over a frequency range from 1 mHz to 100 kHz on top of a direct current
potential ranging from 1.8 to 2.8 V.
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Triclosan concentrations were measured with a Hewlett-Packard 5890 series II gas
chromatograph (GC) equipped with an electron capture detector (ECD) and autosampler.
Samples were prepared by acidification to a pH value of 4 followed by injection of 100
jiL aqueous solution into 1 g of pentane. Analyses of trilcosan oxidation products were
performed using gas chromatography-mass spectrometry using a finnigan ITD 700. Total
organic carbon (TOC) analyses were performed by using a TOC-5000 (Shimadzu)
analyzer.
The Microtox ® assay was used to monitor the decline in toxicity of the electrolyzed
solutions as a function of the electrolysis time. This test monitors the decline in
respiration of the luminescent bacterium Vibrio fischeri (27). The procedures and
equipment used in the Microtox® assays have been published elsewhere (28). Relative
toxicity values for the electrolyzed solutions were calculated by normalizing the toxicity
of the electrolysed samples by that of the starting triclosan solution.

6.4 Results and Discussion
Cyclic voltammetry scans in 4 mM triclosan solutions are shown in Figure 2a. A
peak corresponding to the direct oxidation of triclosan by the BDD electrode can be seen
beginning at a potential of 0.4 V. No reduction peak is evident on the reverse scan
towards lower potentials, indicating that triclosan oxidation was not reversible. On
subsequent scans the currents for triclosan oxidation decreased, and by the third scan
there was no discernable peak for triclosan oxidation. This behavior can be attributed to
passivation of the electrode by an anodically deposited film. Oxidation of phenolic
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compounds at platinum and other electrodes has been previously found to result in
formation of phenoxy radicals that lead to polymerization and passive film formation (29,
30).

The anodically deposited passive film could be removed by polarizing the electrode
to higher potentials. Figure 2b shows CV scans taken with a passivated electrode after
conditioning at 5 and 15 mA/cm 2 . Conditioning the electrode for 100 seconds at 5 and 15
mA/cm 2 resulted in only a partial recovery of its initial activity. However, conditioning
for 1000 seconds at 15 mA/cm 2 was able to completely restore the initial electrode
activity, thereby indicating that there were no irreversible changes to the BDD electrode
itself.
Although the anodic films formed at low current densities hindered detection of the
oxidation peak for triclosan, chronoamperometry experiments showed that direct organic
oxidation was the primary anodic reaction for electrode potentials below 2 V. Figure 3
compares currents at fixed potentials in the background NaC1 electrolyte solution without
triclosan and those with a triclosan concentration of 4 mM. Also shown in Figure 3 are
the currents for electrolysis of inert 0.2 M NaC10 4 solutions without triclosan. For
electrode potentials below 2 V, the higher current densities in the triclosan solutions can
be attributed to direct organic compound oxidation. However, at potentials above 2 V,
the currents in the presence of triclosan were smaller than those in the two blank
electrolytes. This can be attributed to partial passivation of the electrode by the
anodically formed films that blocked access for water and chloride oxidation.
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Electrode passivation by the anodically formed film could be completely avoided at
potentials greater than 3 V where NaC1 solutions with and without triclosan gave similar
currents. The abrupt increase in slope of the current profile in the triclosan solutions at a
potential of 2.8 V suggests that there was a change in mechanisms at this potential. Since
there was no abrupt change in slope in either of the two blank electrolytes, the increase in
slope at 2.8 V can likely be attributed the attainment of sufficiently high potentials to
directly oxidize the passive film.
Insight into the electrode reactions can be gained from the LSV scan shown in Figure
4 in the blank NaC1 electrolyte. Between potentials of 0 and 4.0 volts, the LSV profile
shows 1 cathodic Tafel region with a slope of /3e , and three anodic Tafel regions with
/3
slopes of fi
r-a2 and fla3- These 4 Tafel regions indicate that 4 different reactions
ai , B

dominated the current in different potential ranges. At potentials between 0 and 0.5 V,
the BDD electrode served as a cathode for 0 2 reduction, while at higher potentials the
BDD electrode served as an anode with 3 different reactions dominating in three different
potential ranges.
At potentials between 0.5 and 1.3 V, the main reaction was the anodic oxidation of
H 2 0. The A i value of 0.75 dec/V for this reaction yields an electron transfer coefficient
( &) value of 0.02. Values this low are usually indicative of a rate-limiting step that
involves an inner sphere electron transfer reaction, or a reaction that is limited by the rate
of bond breaking or molecular rearrangement. Given the inert nature of BDD films, this
suggests that the rate-limiting step for H20 oxidation did not involve the transfer of an
electron. For H20 oxidation, extrapolation of the Tafel slope back to the equilibrium
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potential for the H20/02 redox couple of -0.532 V yields an exchange current density (0
of —0.5 [tA/cm 2 . This high value is indicative of a reaction that is favorable from a
chemical standpoint, and is the reason that measurable currents were observed
immediately after the equilibrium potential for H20 oxidation was exceeded.
The sharp increase in current that begins at a potential of 1.3 V can be attributed to
chloride oxidation since this peak did not appear in a similar scan in which the NaC1
electrolyte was replaced with an inert NaC10 4 electrolyte. The flattening of the profile at
a potential of 1.6 V was due to diffusional mass transfer limitations associated with
chloride oxidation. The difference in current between the plateau at 1.6 V and the
extrapolated Tafel slope

fic, / indicates that the maximum mass transfer limited current

density for Cl oxidation was —0.2 mA/cm 2 .
The reaction that begins to dominate the cell current at potentials greater than 2 V is
OH oxidation. Mass transfer limitations began to limit the current for this reaction
-

starting at 2.3 V. Although the equilibrium potential for the 0ff10 2 redox couple of 0.537 V is slightly below that for the H20102 couple, OH oxidation did not begin to
-

dominate the cell current until a potential of 2 V was reached. This can be attributed to a
very low exchange current for OH oxidation. Extrapolation of its Tafel slope to the
-

equilibrium potential of -0.537 V for the 0H102 redox couple yields an 10 value less than
5x10 -6 vA/cm 2 .
These conclusions from the LSV experiments are supported by EIS data taken in
blank NaC1 and NaC104 electrolytes at both alkaline and acidic pH values. Figure 5a
presents Bode phase plots in the blank NaC1 electrolyte and in a 4 mM triclosan solution
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at a direct current potential of 2.385 V. Each peak in the Bode phase plot corresponds to
a reaction that affects the impedance to current flow. The first peak centered near 1000
Hz in the blank electrolyte corresponds to H20 oxidation. Data linking this peak with

H 2 0 oxidation is shown in Figure 5b, where it is the only peak in the inert HC104
electrolyte where OH and
-

cr oxidation are precluded. The second peak in the blank

solution is composed of two unresolved peaks associated with both OH and C1
-

oxidation. This was confirmed by the appearance of an OH oxidation peak in the
-

NaC104 electrolyte at high pH; and by a Cl oxidation peak in the HC1 electrolyte, as
shown in Figure 51). In NaC1 solutions containing triclosan, several unresolved peaks
centered near 0.1 Hz show up in the Bode phase plot in Figure 5a. These peaks are the
result of reactions involving direct oxidation of triclosan and its byproducts.

Flow-Through Reactor
Figure 6 shows the effluent triclosan concentrations as a function of the hydraulic
residence time for three different current densities in the flow-through cell, and Figure 7
shows the associated TOC concentrations and Faradaic current efficiencies for TOC
removal. The data in Figures 6 and 7 show that the levels of triclosan removal were
much greater than the associated levels of TOC removal. The disparity between rates of

triclosan and TOC removal can be attributed to partial triclosan oxidation to products that
primarily consisted of dichloroacetic acid and 2,5- and 2,4-dichlorophenol. These
products indicate that oxidation of the ether linkage occurred early on in the oxidation
process, and that oxidation by reactive chlorine species was significant, despite mass
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transfer limited currents for cr oxidation that were less than 10% of the overall cell
currents. For all current densities, the fraction of byproducts consisting of chlorinated
acetic acids increased with the extent of electrolysis. This is consistent with previously
reported results showing that acetic acids are more resistant to electrochemical oxidation
than other low molecular weight organic acids produced from phenol oxidation (15).
The performance of the flow-through reactor for triclosan removal can be understood
through the use of a heuristic model. As previously discussed, triclosan destruction may
occur through both direct and indirect oxidation. The rate of direct triclosan oxidation
may be expected to depend primarily on the triclosan concentration itself, and thereby
follow first order reaction kinetics. The rate of indirect triclosan oxidation may be
expected to depend on both the triclosan concentration, and on the concentration of
byproduct species in competition with triclosan for active oxidant species. With this in
mind, an approximate expression describing the kinetics of triclosan oxidation may be
written as:
dC
dt

= —lci C-

(1)

.

where C is the triclosan concentration, C o is the initial triclosan concentration, k 1 is the
first order rate constant for direct oxidation, k2 is the rate constant for indirect oxidation,
and t is time. The term representing the rate of indirect oxidation roughly accounts for
the increasing competition for reactive oxidant species as the triclosan concentration
declines. Rates of electrochemical reactions are known to depend on the potential
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according the Butler-Volmer relationship (31). Therefore, the rate constants in the
kinetic model may be expressed as:
Fal(E-E°)

e

(

k2 =

PT

)

Fa2 (E-E ° )

PT

Where 4 and k 2° are the direct and indirect rate constants, respectively, at an arbitrary
reference potential (E° ), al and a2 are charge transfer coefficients for direct and indirect

triclosan oxidation, respectively, F is the Faraday constant, and T is temperature.
Incorporating equations 2 and 3 into equation 1 leads to a kinetic model of the form.
dC

Fai(E — E°))c

20

Fœ2(E — E°)) 1 c2
Co

= 4 exp(
k exp(
dt RT RT

(4)

The parameters in the kinetic model were determined at each potential by a nonlinear
least squares algorithm. Then the electron transfer coefficients, a l and a2 , were
determined by the potential dependence of each rate constant. Fits of the model to the
experimental data in Figure 6 show that the model does capture the basic kinetics of

triclosan inactivation. The best fit al value of 0.04 indicates that direct triclosan
oxidation had a very weak dependence on potential. The very weak dependence of k 1 on
potential suggests that rates of direct triclosan oxidation were limited by chemical
dependent factors, such as a bond breaking or molecular rearrangement, as opposed to an
electron transfer reaction. The best-fit a2 value of 0.27 is consistent with the proposed
mechanism of indirect oxidation by reactive oxidant species. Previous investigators have
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reported an electron transfer coefficient of 0.25 for the generation of OH * species at BDD
electrodes (32).
A fit of the TOC removal data in Figure 7b to a first-order reaction model shows that
the first order model under-predicts rates of TOC removal for small residence times and
over-predicts TOC removal for longer residence times. This is consistent with
byproducts of triclosan oxidation that became increasingly resistant to further oxidation
with increasing electrolysis times. The delicline in Faradaic current efficiencies with
elapsed time shown in Figure 8b also supports this conclusion. At all three current
densities, the current efficiency for TOC removal declined faster than the TOC
concentrations themselves.
The effectiveness of electrochemical oxidation in the flow-through reactor for toxicity
reduction of triclosan is shown in Figure 8. The relative toxicities of the effluent
solutions as determined by the Microtox ® test are shown along with the effluent triclosan
concentrations as a function of the mean hydraulic detention time in the reactor. The
toxicity of the effluent solution relative to the influent solution closely parallels the
relative decline in triclosan concentrations. This indicates that the products in the
effluent solutions were much less toxic than triclosan itself, and suggests that the residual
triclosan concentration is the major factor in determining the biodegradability of the
treated solutions.
Results from this study show that electrochemical oxidation is capable of rapidly
inactivating triclosan in aqueous solutions. At current densities of 6 and 15 mA/cm 2 ,
more than 99% of the triclosan was inactivated with a hydraulic detention time of 18
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minutes. However, complete mineralization of triclosan appears to be impractical due to
the slower reaction of triclosan degradation products. Although oxidized chlorine species
act as oxygen carriers and increase organic compound oxidation rates, their presence may
also produce chlorinated intermediates that are less reactive towards further oxidation and
more toxic than their nonchlorinated analogues.
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6.5 Figures

CI

CI

OH

Figure 1. Triclosan (5-chloro-2-(2,4-dichlorophenoxy)-phenol).
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Figure 2. a) Sequence of cyclic voltammetry scans with a BDD electrode in a 0.2 M
NaC1 electrolyte containing 4 mM triclosan. b) The effect of anodic conditioning on

recovery of the voltammetric response for triclosan oxidation in 4 mM triclosan
solutions.
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Figure 3. Currents as a function of applied potential for a BDD electrode in 0.2 M NaC1
electrolyte solutions with triclosan concentrations of 4 mM. Also shown are currents in

0.2 M NaC1 and NaC104 blank electrolytes without triclosan. In this potetial range, C/04

-

has been found to be inactive at BDD electrodes (20) and may therefore be considered an
inert electrolyte.
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Figure 7. a) Effluent TOC concentrations from the BDD flow-through reactor as a
function of the hydraulic residence time for current densities of 2, 6 and 15 mA/cm 2 . b)
Faradaic current efficiencies for TOC removal for the effluent TOC concentrations in (a).

134

Relative toxicity
Relative triclosan
concentration
125

Figure 8. Normalized Microtox toxicity and triclosan concentrations in the reactor
effluent for a current density of 6 mA/cm 2 .
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CHAPTER 7
ELECTROCHEMICAL DESTRUCTION OF TRICLOSAN

7.1 Abstract:
This research investigated electrochemical oxidation of triclosan using Ebonex ® and
boron-doped diamond (BDD) film anodes. Oxidative destruction of triclosan was
conducted in both high pH aqueous solutions and in ethanol. At current densities of 5
mA/cm 2 and above, oxidation of triclosan in water was rapid due to the action of
hydroxyl radicals generated from water oxidation. However, at current densities below 5
mA/cm 2 , the electrodes in aqueous solutions were rapidly inactivated by a film of
polymerized byproducts. Oxidation of triclosan in ethanol solutions was much slower
than in water. The primary mechanism of triclosan oxidation in ethanol was indirect, and
involved ethoxy radicals produced from ethanol oxidation. Product analysis showed that
breaking the ether linkage was easier than opening the aromatic rings. Microtox ® tests
showed that residual triclosan was the major source of toxicity in the treated wastewater,
despite byproduct concentrations that were significantly higher than triclosan
concentrations.

7.2 Introduction
Triclosan, shown in Figure 1, is a polychlorinated diphenyl ether and is similar in
structure to common herbicides. Triclosan has been in use for more than 30 years as a
broad spectrum antibacterial agent due to its ability to block one step in bacterial fatty
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acid synthesis (I). In addition to its high toxicity to bacteria, triclosan is also acutely
toxic to fish, protozoa, and other aquatic organisms (2).
Triclosan is commonly used in a wide variety of household products, including:
soaps, toothpastes, deodorants, cosmetics, disinfectant solutions, footwear, and plastics.
A recent study by the United States Geological Survey found that triclosan was the third
most ubiquitous manmade compound in surface streams in the United States (3). It has
been found entering wastewater treatment plants at concentrations on the order of 1 mg/L,
and is only partially degraded in activated sludge treatment systems (2, 4). During
wastewater treatment the phenolic group may become methylated, which increases the
stability of the compound to photodegradation (2). Due to its environmental persistence,
it has been found worldwide in lakes, sediments, aquatic organisms and human milk (4).
Aging stockpiles of triclosan often become contaminated by polychlorinated dioxins
as a result of exposure to heat or ultraviolet light. Because chlorodioxins are among the
most highly carcinogenic compounds known, stockpiles adulterated by even trace levels
of these compounds cannot be used. Incineration of contaminated stockpiles on a small
scale is impractical due to the precautions that must be taken to avoid producing
chlorinated organic byproducts during the incineration process. The high toxicity of
triclosan to bacteria precludes disposal of contaminated or aging stockpiles via
biodegradation.
In addition to the disposal problems associated with powdered triclosan, there are also
disposal problems associated with triclosan containing organic solvents. Solutions
containing up to 2.5% triclosan in ethanol or isopropanol are commonly used for
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disinfecting medical equipment. Because of the high toxicity of triclosan to bacteria, and
the recalcitrance of triclosan in activated sludge treatment systems, disposal of these
solutions into sanitary sewers may result in process disruptions and eventual release of

triclosan into the aquatic environment. These disposal limitations were the motivation
for investigating the electrochemical destruction of triclosan. The goal of the
electrochemical oxidation scheme was to convert triclosan into biodegradable compounds
that could be treated in conventional activated sludge treatment plants.

7.3 Background

Electrochemical Oxidation
Commonly used advanced oxidation processes for removing organic contaminants
from water generally rely on hydrogen peroxide as the oxidizing agent. Although
hydrogen peroxide is stable in water, it may be decomposed to highly reactive hydroxyl
radicals. The distinguishing feature between different advanced oxidation processes is
the method of generating hydroxyl radicals from the H202 reagent. Ultraviolet light,
ozone and Fe2+/Fe 3+ are often used to decompose the H 2 02. Each of these methods has
its advantages and disadvantages, and the most appropriate method usually depends on
the pH and the composition of the wastewater.
Although electrochemical oxidation of organic compounds in wastewater is not
widely utilized in commercial applications, it has the potential to be more effective and
less costly than the three most commonly used methods. Lower costs will result from the
fact that electrochemical oxidation does not require the addition of the H202 reagent,

138

which itself is often electrochemically synthesized. Therefore, electrochemical oxidation
will result in a simpler process and save the expenses associated with concentrating,
transporting, and storing the H202 reagent. Also, elimination of the need for UV light,
ozone or Fe2A- /Fe 3+ will save additional operating expenses.
Electrochemical oxidation of organic compounds is generally performed using noble
metal or metal oxide anodes. In dilute aqueous solutions the primary pathway for
oxidation of organic compounds begins with the oxidation of water or OH ions that
-

proceeds according to (5):

MO x + H 2 0 —> MO x (' OH) + H + + e - (1)
MOx + OH ---> M0x (OH)+ e -

(2)

where MO„ is the reactive site on the anode and *OH is a hydroxyl radical that is
physically adsorbed on the electrode surface. On active electrodes the physically
adsorbed *OH may react with the active site to produce a higher oxide, M0, 1 , according
to (6):
MO(OH*)--> MOx+1+ H + + e+

(3)

Both physically adsorbed *OH and the M0,1 are considered active oxygen species
capable of oxidizing organic compounds. The active oxygen species may not only react
with the desired organic compound, but may also decompose to dioxygen. On nonactive
electrodes oxygen evolution occurs via the decomposition of adsorbed *OH to form 02
according to (5):
MOx(' OH) 0.50 2 + H ± + e - + MO x(4)
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On active electrodes the higher oxide simply decomposes to regenerate the reactive site
according to:
M0x+1 —> 0.5 02 +M0 (5)

The nature of the electrode material and the electrode potential determine the activity of
the electrode for organic compound oxidation. Electrodes coated with Pb02, Sn02 or
other oxidation catalysts not capable of forming higher oxides are considered inactive
electrodes. Anodes coated with Ir0 2 , RuO2 or other catalysts capable of forming higher
oxides are considered active electrodes.
Organic compound oxidation by active electrodes generally proceeds according to
(6):
R+ M0

+1

—> RO+ MO„

(6)

where R is the organic species. These oxidation reactions are usually selective and are
not capable of completely mineralizing the organic compounds to CO2. In contrast,
oxidations by nonactive electrodes are capable of complete mineralization to carbon
dioxide. This difference is due primarily to the fact that hydroxyl radicals are stronger
oxidizing agents than MO + 1 species.
Organic compound oxidation by hydroxyl radicals usually begins via the abstraction
of a hydrogen atom to form an organic radical according to:
RH+ 0H —> R + H2 0
.

.

(7)

Once formed, these organic radicals can react with 02 produced at the anode or already
present in the water, according to:

+

Roo*

(8)
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These reactions with dioxygen are desirable since they take advantage of the electrical
energy already expended in electrochemically generating the 02. In addition to further
attack by 0F1, these organic radicals may abstract a hydrogen atom to form an organic
.

hydroperoxide according to:
ROO + R'H —> ROOH + R" (9)
These hydroperoxides are unstable and often decompose to organic compounds with
fewer carbon atoms (5).
Electrochemical oxidation of organic compounds requires an anode that is stable
under anodic polarization, and that has a low catalytic efficiency for oxygen evolution.
Noble metals, such as platinum, are resistant to oxidation, but they have high catalytic
efficiencies for oxygen evolution and are prone to fouling (6, 7). Dimensionally stable
anodes, such as titanium coated with active or inactive catalysts, are less prone to oxygen
evolution and fouling, but they do suffer from leaching of the catalyst from the electrode
surface.

Boron Doped Diamond (BDD) Electrodes
The development of inexpensive chemical vapor deposition techniques for growing
synthetic diamonds has resulted in widespread interest in polycrystalline diamond films
for industrial applications (8). The films are often prepared on p-silicon substrates that
have been polished with a diamond containing paste, and thereby contain adsorbed
diamond crystals to serve as nucleation sites. Microwave radiation or a hot filament is
used to decompose a low pressure gas mixture of methane and hydrogen. Upon
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decomposition, the methyl and atomic hydrogen radicals chemisorb at the nucleation sites
and propagate growth of the film. Boron doping is often accomplished by adding trace
amounts of B2H6 to the seed gas mixture. The boron atoms substitute for carbon in the
diamond lattice and serve to increase the electrical conductivity of the diamond film. The
resulting films are polycrystalline and may have resistivities as low as <0.1 fl-cm (9).
The advantages of BDD electrodes over other materials includes their: 1) high
resistance to fouling by chemisorbed metals or other impurities; 2) very low catalytic
activity for oxygen evolution; 3) high mechanical strength and resistance to chemical
attack; 4) high dimensional stability under anodic polarization; and 5) hydrophobicity.
Hydrophobic electrodes are desirable for reactions of organic compounds in aqueous
systems because of increased organic compound adsorption.

7.4 Materials and Methods
Batch experiments were conducted in a stirred, 20 mIL, sealed, glass cell containing
either ethanol or aqueous solutions. Sodium chloride was added to each solvent to
provide electrical conductivity, and sodium hydroxide was added to the aqueous solutions
in order to increase the solubility of triclosan. The pK a value for triclosan is 7.9 ( 1 0), and
all experiments in aqueous solutions were conducted at a constant pH value of 12. The
working electrode was a boron doped diamond (BDD) film on a silicon substrate (CSEM,
Neuchâtel, Switzerland) with a nominal surface area of 1 cm 2 . A stainless steel wire
encased in a Nafion ® (DuPont) sheath was used as the counter electrode, and the
reference electrode was Hg/Hg2SO4 (EG&G, Oak Ridge, TN).
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Experiments were also conducted in a DiaCell ® (CSEM) flow-through reactor. The
anode consisted of a 100 mm diameter BDD film on p-silicon (CSEM), the cathode was a
100 mm diameter zirconium disk (Aesar, Ward Hill, MA), and the reference electrode
was a Ag/AgC1 microelectrode (EG&G). Aqueous or ethanol solutions were pumped
through the reactor using a liquid chromatography pump at flow rates ranging from 0.63
to 10 mL/min. These flow rates resulted in mean hydraulic detention times in the cell
ranging from 123 to 8 minutes.
In all experiments the voltage or current was controlled using a model 273A
potentiostat (EG&G) and M270 software. Each experiment was repeated two or three
times, and good reproducibility was observed. All potentials are reported with respect to
the standard hydrogen electrode (SHE). Triplicate analyses for triclosan and its oxidation
products were performed using liquid chromatography and gas chromatography-mass
spectrometry.
The Microtox® assay was used to monitor the decline in toxicity of the triclosan
solutions as a function of the electrolysis time. This test monitors the decline in
respiration of the luminescent bacterium, vibrio fischeri. The procedures and equipment
used in the Microtox ® assays have been published elsewhere (//). Relative toxicity
values for the electrolyzed solutions were calculated by normalizing the EC50 for each
sample by the EC50 of the starting triclosan solution.

7.5 Results and Discussion

Batch Reactor
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Figure 2 shows cyclic voltammetry scans in a 4 mM aqueous solution of triclosan at a
pH value of 12. The first scan clearly shows an oxidation peak for triclosan centered at a
potential of 1.1 V. The absence of any cathodic peak on the reverse scan shows that
triclosan oxidation was irreversible. Subsequent scans showed oxidation peaks of
diminishing magnitude, and by the fourth scan no oxidation peak was discernable. The
diminishing peak amplitude with each scan suggests that triclosan oxidation produced a
passivating film on the electrode surface. Passive films resulting from free radical
polymerization reactions have been found to form during oxidation of phenolic
compounds (12).
The passivating film could be removed by polarizing the electrode to higher
potentials. Figure 3 shows the first scan for passivated BDD electrodes that were
conditioned at current densities of 5 and 15 mA/cm 2 . Conditioning at anodic current
densities of 5 and 15 mA/cm 2 for 100 seconds was able to recover only a fraction of the
initial electrode activity. However, conditioning for 1000 seconds at an anodic current
density of 15 mA/cm 2 was able to restore the electrode activity to its initial state. The
cleaning effect can be attributed to oxidation of the passivating film by *OH generated
from water oxidation.
No oxidation peaks for triclosan were observed in cyclic voltammetry scans in
ethanol solutions. At all potentials the anodic currents in the presence of triclosan were
lower than those in the blank ethanol solutions. This can be attributed to partial
inactivation of the surface by oxidation product films. In extended electrolysis
experiments conducted at a current density of 5 mA/cm 2 , nearly complete inactivation of
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the electrode for triclosan destruction was observed by 2 hours elapsed, as shown in
Figure 4. However, continuation of the electrolysis at a current density of 15 mA/cm 2
was able to partially restore the triclosan destruction activity.
Figure 5 shows triclosan concentrations as a function of electrolysis time in ethanol
solutions at current densities of 15 and 25 mA/cm 2 . The linear decline in triclosan
concentrations with time indicates that the destruction kinetics were zeroth order in
triclosan concentration. This can be explained by a reaction that was limited by the
oxidation current. This conclusion is supported by comparison of the removal rates at 15
and 25 mA/cm 2 . The zeroth order rate constant at 25 mA/cm 2 of 2.2 x 10 -6 mol/min is a
factor of 1.47 greater than the rate constant of 1.5 x 111 6 mol/min at 15 mA/cm 2 . This
ratio is close to the factor of 1.67 difference between the two current densities.
In contrast to the zeroth order removal kinetics in ethanol, more complex kinetic
behavior was observed for triclosan electrolysis in aqueous solutions. Figure 6 compares
triclosan removal rates at current densities of 5 and 15 mA/cm 2 . Over the first two hours
elapsed the removal rates were similar at both current densities. This can likely be
attributed to reaction rates that were limited by diffusive mass transport to the electrode
surface. Between 2 and 5 hours elapsed the triclosan removal rates were faster than those
before 2 hours elapsed. This can likely be attributed to a free-radical chain reaction
mechanism involving organic radicals formed by triclosan oxidation and triclosan itself.
Attack of triclosan by organic free-radical species in solution may be expected to increase
the triclosan removal rate because diffusion of triclosan to the electrode surface for
reaction with adsorbed • OH is not required. The declining removal rates for triclosan
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concentrations below 0.5 mM may arise from competitive oxidation of triclosan
byproducts. Reaction of partial degradation products with *OH adsorbed on the electrode
surface must have decreased the availability of *OH for reacting with triclosan.

Flow-Through Reactor

Effluent triclosan concentrations from the flow-through reactor operated at a current
density of 6 mA/cm 2 with ethanol and aqueous solutions are shown in Figure 7. Much
faster triclosan degradation kinetics were observed in the aqueous solutions than in
ethanol. This can be explained by the fact that solvent oxidation in the aqueous solution
produced the strong oxidant *OH, while ethanol oxidation produced only a weak oxidant.
Oxidation of ethanol occurs via abstraction of a hydrogen atom according to (13):
CH 3 CH 2OH --> CH 3 CH 2 0' + H + + e- (10)
Although the resulting ethoxy radicals could react with triclosan, they are much less
reactive than hydroxyl radicals. The recombination of ethoxy radicals may also account
for slower triclosan destruction rates in the ethanol solutions.
The reaction products in ethanol confirm that ethoxy radical recombination was a
major pathway for terminating free-radical chain reactions. Figure 8 shows that the two
most preponderant reaction products in the ethanol solutions resulted from recombination
of ethoxy radicals, and from reactions of ethoxy radicals with ethanol. The other major
products in the ethanol solutions suggest that breaking the ether bond between phenyl
groups was easier than opening the aromatic rings. The products produced in the
aqueous electrolyses also showed that breaking the ether linkage was facile. Substituted
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acetic acids were the two most common products in the aqueous solutions. This is
consistent with previously reported results from phenol oxidation in which a variety of
one to three carbon aliphatic acids are produced (I 4) . The preponderance of acetic acid is
consistent with prior reports that acetic acid is the most recalcitrant of these acids to
further oxidation (6).
All reaction products in both ethanol and aqueous solutions were much less toxic than

triclosan itself. Microtox ® EC50 values were calculated for effluent samples from the
flow-through reactor. Figure 9 shows how the decline in toxicity of the solutions closely
parallels the decline in triclosan concentration. This suggests that residual triclosan
concentrations will be the major factor in determining the biodegradability of the partial
degradation products.

7.6 Conclusion
Triclosan removal rates in ethanol solutions were zeroth order with respect to the
triclosan concentration, and were proportional to the current density. This indicates that
triclosan removal rates were limited by the cell current. In aqueous solutions the
triclosan removal kinetics were more complex, and were more than two orders of
magnitude faster than in the ethanol solutions. A two order of magnitude reduction in

triclosan concentration and relative toxicity could be achieved in less than 20 minutes in
the flow-through reactor. This suggests that aqueous electrolysis may be a feasible
process for destroying aging and contaminated stockpiles, or for treating solutions
generated during triclosan manufacture and purification.
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7.7 Figures
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Figure 1. Triclosan (5-chloro-2-(2,4-dichlorophenoxy)-phenol).
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Figure 2. Cyclic voltammetry scans with BDD electrode in 4 mM triclosan solution at a
pH value of 12.
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Figure 3. The effect of anodic conditioning on recovery of the voltammetric response for
triclosan oxidation at a pH value of 12.
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Figure 4. Galvanostatic electrolysis of triclosan in ethanol solutions at anodic current

densities of 5 and 15 mA/cm 2 .
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Figure 5. Triclosan concentrations in ethanol solutions as a function of the electrolysis
time at current densities of 15 and 25 mA/cm2.
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Figure 6. Triclosan concentrations in aqueous solutions at a pH value of 12 for current
densities of 5 and 15 mA/cm 2 .
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Figure 7. Effluent triclosan concentrations from the flow-through reactor in ethanol and
aqueous solutions at a current density of 6 mA/cm 2 .
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CHAPTER 8

CONCLUSIONS

This work showed that both electrochemical oxidation and reduction could effectively
remove organic contaminants from water. Feasibility assessment studies showed that
electrochemical water treatment is a promising and cost effective technology.

TCE reduction occurred almost exclusively via atomic hydrogen at low pH values
and via atomic hydrogen and direct electron transfer at neutral pH values, while reduction
of PCE occurred primarily via direct electron transfer at both low and neutral pH values.
Differences in relative reaction rates of TCE and PCE with iron are dependent on the
significance of the reduction pathway involving atomic hydrogen.
The rate-limiting step for CT reduction at nickel and iron surfaces involved the
transfer of the first electron and an outer-sphere electron transfer step. Nickel was not a
catalyst for the rate-limiting step for CT dechlorination, but it may serve a catalytic role
in subsequent reaction steps. CT reduction at nickel surfaces resulted in near

stoichiometric production of methane, while CT reduction at iron surfaces produce
significant amount of chloroform. The oxides at the electrode surface are not

electroactive for either water or chlorinated hydrocarbon reduction. CT adsorption to
electroactive sites was a nonlinear function of the CT concentration. In the flow-through
reactor, rate of CT reduction were found to follow a first-order kinetic model for influent
CT concentrations up to 54 p.M. The polymer coating resulted in small increases in CT
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reaction rates and decreased rates of water reduction. Faradaic current efficiencies could
be increased by 100 to 360% by coating the electrode with a silicone polymer.
Triclosan can be oxidized using both Ebonex ® and BDD film anodes. The primary
mechanism of triclosan oxidation in ethanol involved ethoxy radicals, which were
produced from ethanol oxidation. The primary mechanism for triclosan oxidation in
water involved hydroxyl radicals that were produced from water oxidation. Oxidation of
triclosan in water was much faster than in ethanol. Breaking the ether linkage was easier
than opening the aromatic rings for triclosan oxidation. The residual triclosan was the
major source of toxicity in the treated wastewater.
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