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Abstract

“Electroanalysis in the Nanodomain: Quinone Monolayers and
Nanometer Dimensioned Electrodes”

Mary M. Farrell, B.Sc.

Spontaneously adsorbed monolayers, which are formed by the immersion of an electrode
into a dilute solution of surface-active molecules have been studied extensively in recent
years. The work presented in this thesis deals with the modification of mercury electrode
surfaces with 9,10-anthraquinone and two anthraquinone derivatives, 1-amino,2-
sulphonic,4-hydroxyanthraquinone (1,2,4-AQASH), and 1,5-dimethoxyanthraquinone (1,5-
DMAQ). These adsorbates form a n interaction with the electrode surface. The
thermodynamics of adsorption has been modeled using the Langmuir and Frumkin
adsorption isotherms. Binary monolayers formed by the coadsorption of 1,2,4-AQASH
and 1,5-DMAQ have been investigated to probe the extent of interaction between adsorbed
moieties. The kinetics of single component 1,5-DMAQ adsorption has been modeled over
a wide concentration range to probe the mode of adsorption of these molecules. It has been
concluded from the CV and kinetic fits of this data that 1,5-DMAQ molecules undergo a
reorientation on the electrode surface as adsorption proceeds.

Quinonoid monolayers form tightly bound adsérbate layers on mercury, which are stable in
both redox forms. These monomolecular films undergo coupled proton and electron
transfer reactions and are important in areas such as catalysis, molecular electronics and
biological applications. The heterogeneous electron transfer rate of 1,2,4-AQASH has been
investigated and was modeled using the Butler-Volmer and Marcus theories of electron
transfer. Platinum electrodes of micrometer to nanometer dimensions have been fabricated
using a laser based micropipette puller. Mercury has been electrodeposited on the platinum
surface to produce micrometer sized mercury electrodes of hemispherical geometry. These
electrodes exhibit faster response times than macroelectrodes and thus enable the
measurement of fast heterogeneous electron transfer rates. A mechanism for the sequence
of proton and electron transfer in monomolecular films of 1,2,4-AQASH in both oxidation
and reduction directions was postulated from the experimental data in solutions of high and
low pH.
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Theoretical Framework and Literature Survey



“Let him who would enjoy a good future waste none of his present.”

Roger Babson



1. Introduction

The electrode/solution interface is an important area of study for electrochemists.
Events which occur at this interface include the adsorption of molecules and ions from
solution, electron transfer reactions and the diffusion of atoms and molecules into and
out of the interfacial region.l Modification of the electrode interface with self
assembled monolayers and spontaneously adsorbed layers provides model systems for
the study of heterogeneous electron transfer dynamics. This work deals with the
modification of an electrode surface with anthraquinone and anthraquinone derivatives,
which spontaneously adsorb on mercury. The orientation of these species on the
electrode surface is investigated briefly and high-speed electrochemical measurements
are implemented to gain an insight into the mechanism of electron and proton transfer in

these monomolecular films.

Interest in this area of research started with the pioneering work of Sagiv and coworkers
in the early 1970s2 who looked at the modification of electrode surfaces with self-
assembled monolayers of organic compounds. These organic thin films play an
important role in areas of technological importance, including adhesion, electrochemical
catalysis3 and corrosion inhibition.45678 The self assembly technique is based upon
spontaneous adsorption of amphi-functional molecules from organic solutions onto
solid surfaces. These films are in the thickness range from a few nanometers
(a monolayer) to several hundred nanometers.9 The spontaneity of monolayer formation
implies that such systems are thermodynamically stable, i.e., binding to the surface
occurs by strong chemical bonds.91011 Alkane thiol monolayers adsorbed on gold are
the most intensively studied self assembled monolayers, mainly due to their stability,
organisation, and potential applications in areas such as corrosion protection.

Quinonoid molecules, although less extensively studied form tightly bound adsérbate
layers on mercury, are stable in both redox forms and exhibit nearly ideal
electrochemical responses in low pH electrolyte solutions. They offer ideal systems to
study the thermodynamics and kinetics of adsorption. These monomolecular films also
undergo coupled proton and electron transfer reactions and are important in areas such

as catalysis, molecular electronics2and especially biological systems.1314



This thesis is arranged as follows; Chapter 1 gives an introduction to electron transfer
theory and reviews the most relevant literature dealing with the construction and
characterization of monolayers formed on electrode surfaces. The electrochemical
techniques implemented in the subsequent experimental chapters are explained and
literature relating to the fabrication and characterization of microelectrodes is

summarized.

Chapter 2 reports on the characterisation of the anthraquinone species in the
experimental work, the techniques are high performance liquid chromatography, uv-

visible, nuclear magnetic resonance, infrared and raman spectroscopy.

Chapter 3 presents the electrochemical properties of an anthraquinone derivative;
1-amino,2-sulphonic,4-hydroxyanthraquinone (1,2,4-AQASH) within single component
monolayers on a mercury electrode surface. The thermodynamics of adsorption are
modeled using the Langmuir and Frumkin isotherms to probe the extent to which the
adsorbates interact. An unusual spike appears in the voltammetry at relatively high
coverages and the origin of this unusual behaviour is probed and compared with the

behaviour of the parent anthraquinone compound.

Chapter 4 reports the electrochemical properties of two component monolayers formed
from 1,2,4-AQASH and 1,5-dimethoxyanthraquinone (1,5-DMAQ). The dynamics of
monolayer formation of single component monolayers is also considered. 1,5-DMAQ
molecules undergo a reorientation on the electrode surface as time proceeds and the

time dependent kinetic data is modeled at varying concentration.

Chapter 5 focuses on fast electrochemical measurements to determine heterogeneous
electron transferrate constants for 1,2,4-AQASH adsorbed on mercury microelectrodes.
Fast scan cyclic voltammograms obtained in low pH media are modeled using a
previously reported model based on the Marcus theory of electron transfer.
Chronoamperometric measurements are carried out on a high-speed potentiostat and this
data is fit to the Butler-Volmer model, a comparison of the results from both models is

made.



Chapter 6 summarizes the procedure used to fabricate platinum microelectrodes and
nanoelectrodes. The platinum nanoelectrodes are constructed using a microelectrode
puller and these are characterized using a number of techniques. The geometry of the
resulting nanodes is estimated from the cyclic voltammetry behaviour. Mercury is then
deposited on the platinum substrate to form hemispherical drop electrodes. These
ultrasmall probes are necessary for the measurement of fast heterogeneous electron

transfer rates of the adsorbed anthraquinone molecules.

Finally, Chapter 7 draws some conclusions from the study and suggestions for future

work are proposed.

1.1  Electrochemical Double Layer

At the interface between an electrode and the electrolyte solution an electrochemical
double layer is built up. As this work deals with the deliberate modification of the
electrode surface it is important to have an understanding of the structure of the
electrochemical interface. Most of the knowledge of the double layer comes from
studies carried out on mercury due to its high degree of purity and atomically smooth

surface.

A number of theories have been proposed to characterize the electrode/solution
interface, the earliest of which by Helmholtz15316 in 1879. This simplified model
suggests that the structure of the double layer is equivalent to a parallel-plate capacitor,
in that all excess charge resides strictly at the surface. Goliyl7 (1910) and ChapmanZ*
(1913) improved on this model by introducing the idea of a diffuse layer where the
highest concentration of excess charge resides at the electrode surface and extends out
into the surrounding electrolytic solution. Stern©9and Graham proposed the most recent
model of the electrode/electrolyte double layer in 1947. The interface is split into three
regions as illustrated in Figure 1, the metal layer, the inner layer and the diffuse layer.
The inner layer is also known as the Helmholtz, Stern or compact layer and comprises
the Inner and Outer Helmholtz planes. The layer nearest to the electrode surface
contains solvent molecules and specifically adsorbed ions. Solvated ions reside in and
outside the Outer Helmholtz plane and only interact with the surface through long-range

electrostatic interactions; these ions are said to be non-specifically adsorbed. The



diffuse layer extends from the Outer Helmholtz plane into the bulk solution. The
thickness of this diffuse layer depends on the total ionic strength of the solution. In
dilute solutions the diffuse layer may extend more than 10 ran, but for concentrations of
0.1 M, the thickness of the double layer decreases to values not much greater than that
of the Helmholtz layer itself. Therefore, it follows that for higher ionic strengths the
diffuse layer becomes sufficiently small that it can be neglected.

Layer
Figure 1. The electrode/electrolyte double layer region; © and ® represent cations and
anions respectively, and ® represents solvent molecules, IHP is the inner helmholtz

plane and OHP is the outer helmholtz plane.

The structure of the electrode/electrolyte interface discussed above refers to an
unmodified surface, i.e., unmodified in the sense that there are no electroactive species

specifically adsorbed on the electrode surface. Adsorption of species onto the electrode



surface causes specifically adsorbed ions and solvent molecules to be displaced from the
interface and results in a change in the double layer capacitance from that observed at a
clean unmodified surface. In the case of an electrode coated with a monolayer the total
double layer capacitance, Cdi is given by the sum of contributions from the film, Cf and

the diffuse layer, Cdiff, as stated in Equation (1):

Cd Cf Cdff

The absolute value of Cdi is governed by the magnitude of the film and diffuse layer
capacitances, the smaller of the two determining the observed behaviour. In high
electrolyte concentration the double layer is compressed and Cditr becomes so large that
it no longer contributes to Cdi. The total double layer capacitance is then controlled by
the monolayer capacitance. This change in capacitance between a modified and
unmodified interface can be measured using cyclic voltammetry by analysing the
background current at potentials where the monolayer is fully oxidized and reduced.
Results presented in Chapter 3 and Chapter 4, respectively look at the effect of
increasing the surface coverage of 1,2,4-AQASH and 1,5-DMAQ on the measured

double layer capacitance.

1.2 Heterogeneous Electron Transfer Kinetics

Self assembled and spontaneously adsorbed monolayers have been used extensively in
recent years to study heterogeneous electron transfer kinetics. These assemblies are
attractive model systems for the study of heterogeneous dynamics due to their well-
defined structure and the ability to change the distance between the electrode and redox
centre, for example in the case of alkanethiol systems. The increased popularity of
micro- and nanoelectrodes in electrochemical measurements allows for the investigation
of electron transfer rates of rapid redox reactions such as those presented in Chapter 5 of
this document. In this chapter, the heterogeneous electron transfer rates of 1,2,4-
AQASH is investigated. These molecules are adsorbed approximately 4-5 A from the
electrode surface and the electron transfer rates are rapid, as the rate of electron transfer
is not limited by diffusion. The purpose of this section is to present a description of the



elementary steps of heterogeneous electron transfer and outline theories proposed by
Butler and VVolmer as well as Marcus to describe this simple process.

Most of the theoretical and experimental work on which the understanding of the
electron transfer process is based is a result of investigations into homogeneous electron
transfer reactions. Electron transfer occurring at a metal electrode surface shares many
of the characteristics of homogeneous electron transfer reactions and with certain
constraints the same theories can be applied to the examination of both processes. The
fundamental difference between homogeneous and heterogeneous electron transfer lies
primarily in the driving force, which can be controlled externally in the case of the
heterogeneous process by varying the applied potential relative to the formal potential
of the reactant. This capability contrasts sharply with homogeneous electron transfer
reactions where the temperature or chemical structure of the reactant must be altered in

order to change the driving force.

1.2.1 Elementary Steps of Heterogeneous Electron Transfer

An electron transfer reaction occurring at an electrode surface involves a series of steps
which are depicted in Figure 2. When an electrode is immersed into an electrolytic
solution and an electrical potential is applied, redox active species are transported to the
electrode surface via diffusion. Depending on the identity of the electroactive species in
solution, and the type of electrode used, specific chemical and electrostatic interactions
may cause the redox molecule to be attracted to the electrode surface and adsorbed as
illustrated in Figure 2A. In order for an electron to transfer between the redox molecule

and the electrode a number of conditions have to be fulfdled.

First the electron transfer step requires thermal activation of the redox molecule.
Random thermal fluctuations cause the energy of the donor or acceptor states in the
molecule to vary continuously and its only when the redox molecule comes into
resonance with the appropriate electronic states in the metal (filled electronic states for
reductions, vacant for oxidations) that electron transfer is possible. Second, electronic
coupling between the donor or acceptor orbitals of the molecule with the electrode must
occur. The extent to which this coupling occurs typically increases exponentially with

decreasing separation between the reactant and the electrode surface.2 If the molecule



is in close enough proximity to the electrode surface electrons can tunnel between the
electrode and redox couple as illustrated in Figure 2C. Following electron transfer the
product relaxes to its equilibrium structure and if its not specifically adsorbed on the

electrode will be transported away from the electrode surface again via diffusion.

A. Adsorbed Species B. Thermal Activation

C. Electron Tunneling

Figure 2. Elementary steps involved in a heterogeneous electron transfer reaction,

adsorption of redox molecule, thermal activation and electron tunneling.

The first model presented in this section to explain the heterogeneous electron transfer
process is the Butler-Volmer model, which is a macroscopic model containing a
minimum number of parameters. The second model is the classical Marcus Theory of
electron transfer developed from 1956 to 1965 by Professor Rudolph A. Marcus. This
theory is used extensively to describe both homogeneous and heterogeneous electron

transfer reactions and forms the basis of more complicated theories of electron transfer.



1.2.2 Butler Volmer Model

The Butler Volmer model2,22 of electrode kinetics is the oldest and least complicated
theory available to describe heterogeneous electron transfer. A simple electron
exchange between a redox species in an electrolytic solution and an electrode can be

written as,

kf
Ox+e' — Red @

kb
where kf and kb are the electrochemical rate constants for the forward and reverse
reactions respectively. In accordance with transition state theory, a reaction coordinate
diagramZ3 is illustrated in Figure 3 to explain the change in free energy of the system as
the reactant is reduced to the product-state. For electron transfer to occur, the oxidized
molecule, moves from its equilibrium structure, position A along the reaction coordinate
to position B, the transition state. It is here that electron transfer occurs as the internal
and solvent structure of the reactant molecule becomes more like that of the product
state. Thus, the Frank Condon principal is fulfdled, which states that electron transfer is
an instantaneous process, i.e. reactants and products share a common nuclear
configuration at the moment of electron transfer.24 The rate at which an electron
transfers will therefore depend on the magnitude of the structural difference between the
reactant and product states. Accounting for these structural differences is beyond the
scope of this theory but is dealt with more fully in the Marcus Theory of electron

transfer presented later.



Reaction Coordinate

Figure 3. Reaction coordinate diagram illustrating the effect of potential on the free
energy of activation for oxidation and reduction processes, according to the Butler
Volmer model of electron transfer. (— represents the equilibrium state of the reactant
at E=0, this equilibrium shifts to (—) when a potential is applied, and (—) represents the
equilibrium state of the product. A, and C denote the equilibrium structure of reactant,
(oxidized) and product, (reduced) states, and B is the transition state where electron

transfer occurs.

Considering Equation (2) as a chemical as opposed to an electrochemical reaction;
simplified activation complex theory assumes an Arrhenius type dependence of the

forward rate constant, kf on the chemical free energy of activation, AG*, Equation (3).

/-AGAH

RT @)

where k, h and R are the Boltzmann, Planck and gas constants, respectively, and T is the
absolute temperature. However, in electrochemical measurements the driving force for

a reaction can be controlled instrumentally by changing the electrical driving force, i.e.,

10



the applied potential relative to the formal potential for the redox species. Therefore, in
studying heterogeneous electron transfer the free energy of the reaction is controlled by

the electrical driving force and the chemical free energy, AG* is replaced by the

electrochemical free energy, AG/ .

The electrochemical rate constant for the forward reaction, i.e., reduction, is given by
Equation (4):

The potential energy profiles for reactant (green) and product (blue) states are illustrated
in Figure 3. The grey dashed line shows that a shift in the potential of the electrode to a
value E changes the energy of the electrons within the electrode by an amount nFE. As
a result the barrier for the oxidation process, AGo* is less than AGDb by a fraction of the
total free energy. This fraction is equal to (1-a), where a is the transfer coefficient. It
takes on values from 0 to 1 depending on the shape of the free energy curves in the
intersection region. Thus, the electrochemical free energies of activation can be

described as follows,

AG/ =AG/ +anFE (5)

AG/ =AG/ -(I-a)nFE (6)

Substitution of these expressions into Equation (4) yields Equations (7) and (8), which
describe the potential dependence of the reduction and oxidation reactions, respectively.

(7)

)



The first exponential term in both equations is independent of the applied potential and
is designated as kf°and kb° for the reductive and oxidative reactions, respectively. They
represent the rate constants for a reaction at equilibrium, i.e., for a solution, which
contains an equal concentration of oxidized and reduced species. However, the system
is at equilibrium at the formal potential, E°, and the product of the rate constant and the
concentration are equal for the forward and backward reactions, i.e., kf° equals Ko°.
Therefore, the standard rate constant is written as k°. Substitution into equations (7) and
(8) yields the Butler VVolmer equations (9) and (10).

N-cxnF(E-E°y

kf = k° exp T ©)]

kb =k expfw_@'a)p\':(E'Eo)A (10)

Hence, k° is a measure of the rate of heterogeneous electron transfer at zero driving
force, i.e., at the formal potential, E° and its units are s'1for an adsorbed reactant. The
Butler Volmer formulation provides a theoretical description of electrode kinetics,
which can be verified through experiment. The overpotential is the difference between
the applied electrode potential, E and the formal potential of the redox couple, E°.
Equations (9) and (10) predict that a plot of the logarithm of the measured
heterogeneous rate constant verses the formal overpotential, r], yields values for a and

k° from the slope and intercept, respectively.

However, as mentioned previously, the Butler Volmer analysis is a simplified model
containing a minimum number of parameters. It does not take into consideration many
of the molecular factors that influence the rate of electron transfer. For example, the rate
at which an electron transfers from the reactant to the product state depends greatly on
the structural difference of these two forms. The Marcus theory contains parameters,
which take into consideration changes in the redox molecules structure upon conversion
from the reactant to product state and the effect of solvent in determining the electron
transfer rate. Also the distance dependence of electron transfer is accounted for in the
Marcus model through a probability factor depending on whether the reactant and

electrode are strongly or weakly coupled. Finally, the assumption that the rate constant

12



of electron transfer scales exponentially with increasing overpotential is not complete
since at high overpotentials a deviation from linearity appears. This behaviour is

predicted by the Marcus model.
1.2.3 Marcus Theory of Heterogeneous Electron Transfer

The Marcus theoryac’ 2t 20 provides a more complete description of the factors that
affect both homogeneous and heterogeneous electron transfer. Here it is applied solely
to a heterogeneous process such as that illustrated in Figure 2 above. Similar to the
Butler VVolmer model described previously, transition state theory focuses on the
intersection point of the free energy curves for the oxidised and reduced forms
(designated as reactant, (R) and product, (P) in Figure 4). In the Marcus theory the
curvature of the reactant and product surfaces is assumed to be equal, hence parabolic
energy surfaces®as a function of reaction coordinate are used to describe a number of
conditions outlined below. In order for electron transfer to occur in either direction the
system has to surmount an energy barrier, AG*, the Gibbs energy of activation. AG®
represents the difference in Gibbs energy between the equilibrium configurations of the

reactant and product states.

According to the Marcus theory of electron transfer, the rate of heterogeneous electron

transfer can be determined from Equation (11).

L eXpA-AG* N ”
So° RT

where R is the gas constant, T is the absolute temperature, o is the frequency factor,

which describes the rate of reactive crossings of the transition state, a is an equivalent

reaction layer thickness and AG* is the free energy of activation.

13



(A) (B)

© (D)

Figure 4. Reaction coordinate diagrams illustrating the Gibbs free energy curves for
reactant (R) and product (P) states : (A) reactant and product surfaces have same
energy, AG° =0, (B) the normal region where 0 <-AG° < X, (C) maximum rate constant

region where -AG° = X, (D) the inverted region where -AG°® > X

14



Figure 4 displays four different situations where the free energy of the reactant and
product curves vary, thus having an effect on the electron transfer rate measured.
Figure 4(A) represents the situation where the energy of the equilibrium reactant and
product states is equal. However, the activation energy is significant for the reaction to
occur.  Another parameter, which is significant in the Marcus model is the
reorganisation energy, which can be defined as the energy required to convert the
reactant geometry and surrounding media to the equilibrium product state without
transfer of the electron.2330 As evident from Figure 4(A) the free energy of activation is

a quarter of the reorganisation energy,

AG* = — (12)

If we consider the situation where the energy of the product state shifts vertically by an

amount AG°® with respect to the reactant state as illustrated in Figure 4(B) it follows that,

AO (13)
AX

By substitution of Equation (13) into Equation (11) we obtain the classical Marcus
Equation (14).

( (X+AG®°)n

k® = dcfexp
4/IRT

(14)

Thus, the effect of increasing the difference in Gibbs energy between the equilibrium
reactant and product states, AG® on the electron transfer rate can be easily investigated.
As AG* decreases, the rate of electron transfer increases until AG®° = A At this point the
activation energy, AG* decreases to zero as there is no energy barrier to surmount for
electron transfer to proceed, Figure 4(C). The electron transfer rate reaches its
maximum value as k° = u; from Equation (14). However, as AG° becomes more
negative, the intersection point of reactant and product curves moves more to the left of
the center of the reactant curve, as illustrated in Figure 4(D). Now the activation energy

increases again and the difference in free energy between the reactant and product



states, AG°® will become greater than the reorganisation energy, X. Hence, from
Equation (14) it follows that the rate of electron transfer will decrease with increasing
AG°. This phenomenon is known as the Marcus Inverted Region and was treated with
much skepticism in the 1960s, as this prediction was completely counter to chemist’s
expectations, Experimental work carried out in the 1980s verified the existence of such

a region and some of this work will be presented briefly in Section 1.3.1 of this chapter.

1231 The Reorganisation Energy

The reorganisation energy defined above consists of two contributions, an inner sphere

and outer sphere component, X=Xb+Xos. The solvent reorganisation energy is

denoted X and it involves changes in the polarisation and orientation of solvent
molecules around the reactant and product states. The expression for the outer sphere

reorganisation energy is derived from the dielectric continuum theory and is given by:

(Ae2) 1 1 1 1 1
47tsn 2Rn 2R. oA

(15)
where Ae is the electronic charge transferred in the reaction, e0is the permittivity of free
space, Rd and Ra are the radii of the donor and acceptor moieties respectively, Tda, is
the distance between the donor and acceptor, s and ss are the optical and static
dielectric constants of the surrounding solvent medium. By varying the dielectric
constant of the solvent medium used in the experiment, the outer sphere component of
the reorganization energy and therefore the total reorganization energy of a given
system may be changed.

Xs is a solvent independent term and is defined as the energy required to reorganise the
inner shell of atoms close to the redox centre as the reactant is converted to the product
state.3 As the structure of the reactive molecule adsorbed on the electrode surface is
frequently not known it is difficult to calculate the inner sphere contribution to the total

reorganisation energy. The inner sphere component is given in Equation (16).
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(16)
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where is the jth normal mode force constant in the reactant species and f p\ is the jth
normal mode force constant in the product species, and Agj is the equilibrium

displacement of the jlhnormal coordinate.

1.2.3.2 Adiabatic vs. Non-Adiabatic Electron Transfer

The pre-factor in Equation (11) comprises two factors, v, the vibrational frequency and
kei, the transmission coefficient. These two factors control respectively the rate of
promotion of an electron from the reactant to the product state and the probability of
transferring from one state to the other, once the transition state has been reached.

U= VKel ()

Two types of electron transfer are possible, depending on the strength of electronic
coupling between the redox species and the electrode.3l If the redox molecule is
adsorbed strongly on the electrode surface, the reaction can be termed adiabatic, as there
is significant overlap between the molecular orbitals and the electrode. The
transmission coefficient approaches unity and there is significant flattening of the
reaction hypersurface, as illustrated in Figure 5(A). In this case the rate of crossing over
the transition state is decreased, but the probability of electron transfer occuring once
the transition state is reached is increased. Heterogeneous electron transfer reactions are
often assumed to be adiabatic as it simplifies the analysis. This assumption is only
reasonable if the distance between the redox center and electrode is very small. For
instance anthraquinone molecules are adsorbed approximately 4 A from the surface and
adiabatic electron transfer is likely. However, the redox center in alkanethiol
monolayers and osmium and ruthenium redox centers are adsorbed in the range 10-30 A
from the electrode surface and experimental studies, which are discussed in the

following sections of this review show that non-adiabatic electron transfer results.

The second classification to be considered is non-adiabatic, also known as diabatic

electron transfer. In this case, the reactant and product curves have no significant
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interaction and the probability of crossing over the transition state to the product is
greatly reduced. The electronic transmission factor is less than 1 As illustrated in
Figure 5(B) when we proceed along the reaction coordinate, the system often returns to
the equilibrium state of the reactant when it reaches the intersection region.
Occasionally the reaction proceeds to the product state resulting in an electron transfer

occurring.

Figure 5. Reaction coordinate diagrams for (A) adiabatic and (B) diabatic electron
transfer showing the splitting of the energy curves in the intersection region. (A) A
strong interaction exists between the adsdrbate and the electrode, if the reactant reaches
the transition state the probability is high that it will proceed to the product state, as
indicated by the curved arrow. (B) A weak interaction exists, thus when the reactant
reaches the transition state it has a tendency to remain on the reactant curve, the

crossover probability is small.

1.3 Electron Transfer Kinetics of Adsorbed Monolayers

After describing the principal electron transfer models used in the study of
heterogeneous electron transfer processes some of the experimental studies carried out

recently to probe these theories are now reviewed. Much of this research concentrates

on self-assembled alkanethiol monolayers adsorbed on gold surfaces and spontaneously
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adsorbed osmium and ruthenium complexes on platinum. Anthraquinone derivatives
are the focus of the experimental work presented in this thesis so the mechanism of
coupled proton and electron transfer reactions is looked at in more detail in Section 1.4.
The principal difference in the three aforementioned classes of adsorbed moieties is the
distance of the electroactive redox centre from the electrode surface. In the case of
alkanethiols the redox active center is held approximately 20-30A from the surface,
while osmium and ruthenium complexes are adsorbed approximately 10A from the
electrode surface.23 As explained in section 1.5 of this chapter anthraquinones are
adsorbed closer to the electrode surface (~4 A). This will affect both the mechanism
and rate of electron transfer for these molecules and this forms the basis of the
experimental work presented in Chapter 5 of this document.

1.3.1 Alkanethiol Monolayers

Alkanethiol monolayers with attached redox active centers are useful model systems for
the investigation of electron transfer rates due to their ability to adsorb onto metal

surfaces in an ordered and close packed arrangement.

Air-nionolayer interface group

Alkyl, or derivatized
alkyl group

Interchain van der
Waals and
electrostatic
interactions

Chemisorption
Surface-active hi at the Surface

Figure 6. A schematic view of the forces in a self assembled alkanethiol monolayer

with an attached redox active group held at a fixed distance from the electrode surface.

Chidsey and coworkers343 published two papers in the early 1990s probing electron
transfer rates between a gold electrode and an electroactive ferrocene group held at a
fixed distance from the electrode by an alkanethiol chain. The ferrocene-terminated
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thiols were coadsorbed with unsubstituted alkanethiols, thus keeping the electroactive
ferrocene groups well separated from each other. The length of the alkanethiol chains
were varied to investigate the distance dependence of the electron transfer rate. This
study showed that the rate of electron transfer falls off exponentially with increasing
distance from the electrode surface and agrees with earlier work carried out by Li and
Weaver.3

In Chidsey’s study rate constants were measured using chronoamperometry, a potential
step technique described in more detail in section 1.6.2 of this chapter. Briefly it
consists of stepping from an initial potential to a final potential to drive the oxidation or
reduction of the redox centre and measuring the current decay, which can be analysed to
obtain a value for the rate constant. Rate constants were measured at a number of
overpotentials and the results fitted to the Butler Volmer and Marcus theories of
electron transfer. The dashed line in Figure 7 shows the Butler Volmer fit, which does
not provide an adequate fit to the experimental data far from the formal potential. The
curvature in the data at high overpotentials is better described by the Marcus theory of
electron transfer (Marcus inverted region). The other various dashed and solid lines in
Figure 7 are model Marcus fits, predicted using different values for the reorganization
energy, X and the electronic coupling factor, xei. The curve with X = 0.85 eV and
coupling of 10"6 approximates the experimental data quite well. Hence, the interaction
between the redox center and the electrode surface is weak and the electron transfer

process is classed as non-adiabatic.
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E-E°' (V)

Figure 7. Semi-log plot of the measured decay rate constants at 25°C (symbols) for
mixed monolayers of ferrocene terminated alkanethiol and unsubstituted alkanethiol
adsorbed on gold, and calculated decay constants from the Butler VVolmer model with k°
= 125 s'] a = 0.5 (dotted); and the Marcus model with : X= 11 eV, 0 = 7.48 x 105s'1
eV/'"1(dot-dot-dashed); X =0.85 eV, u = 6.73 x 104s'1leV'1(solid); X=0.7 eV, u = 155
x 104 s’1eV"'1(dot-dashed) and X = 0.5 eV, u = 2.29 xIO03s'1eV'1(dashed).

Further work on substituted alkanethiol systems has been carried out by Finklea and
coworkers.373 In these two papers, the Kinetics of electron transfer were examined as a
function of electrolyte concentration and temperature. The monolayers were formed on
gold electrodes by coadsorption of an alkanethiol with a pendent pyRu(NH3)5 redox
center with an alkanethiol with a terminal carboxylic acid group. These studies
compare the electron transfer rates obtained from two experimental methods, cyclic
voltammetry and chronoamperometry. In potential sweep experiments, when the
timescale of the experiment becomes comparable to the rate of heterogeneous electron
transfer peak splitting between the cathodic and anodic branches occurs. This peak-to-
peak splitting can be converted into a standard rate constant using Laviron’s
formulation,3® which is based on the Butler Volmer Theory of electron transfer. This
method for the estimation of the standard heterogeneous electron transfer rate is less

accurate than the chronoamperometric method presented in Chidsey’s work above due
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to a number of factors. Firstly, the peak splitting observed may be due to ohmic drop
effects if the electrode is not sufficiently small. Secondly, and more importantly,
Laviron’s theory assumes that the transfer coefficient is equal for cathodic and anodic
branches (a = 0.5) and is independent of the applied potential. It is evident from Tafel
plots that this is not the case, the transfer coefficient changes markedly with the applied
potential. However, Finklea reports that the rate constants determined from CV
measurements generally agree with chronoamperometroic measurements within a factor
of two. Hence, the peak splitting observed in CV provides a rapid and qualitative
method for estimation of the rate constant.

1.3.2 Osmium and Ruthenium Monolayers

Osmium and Ruthenium polypyridyl complexes have also been studied extensively to
elucidate the rate and mechanism of heterogeneous electron transfer. 2404142 4344264647
In two extensive papers published by Forster and Faulkner®242 in 1994 the dependence
of the electron transfer rate on solvent, temperature and electrolyte concentration was
examined. The heterogeneous electron transfer dynamics of spontaneously adsorbed
osmium monolayers, [Os(bpy)2Cl(pNp)]+ where bpy is 2,2'-bipyridyl and pNp is either
4,4-bipyridyl, 1,2-bis(4-pyridyl)-ethene, or 4,4'-trimethylenedipyridine were reported.
As the bridging ligand between the redox centre and the electrode contain zero, two or
three methylene spacer groups an investigation of the distance dependence of electron

transfer was possible.
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Figure 8.  Schematic illustrating the structures of three osmium complexes,
[Os(bpy)2Cl(pNp)]+ where bpy is 2,2"-bipyridyl and pNp is either 4,4'-bipyridyl, 1,2-
bis(4-pyridyl)-ethene, or 4,4'-trimethylenedipyridine.

The complexes illustrated above are adsorbed 9-10A from the electrode surface
resulting in weak interactions. This result is in accordance with Chidsey’s® work on
the ferrocene alkanethiol system presented above. Both systems are classed as non-
adiabatic. This is reasonable when the distance of the electroactive center from the
electrode is taken into consideration. It is thought that a system is more likely to couple
strongly with the electrode surface if adsorbed closer to the electrode and an adiabatic
electron transfer would result. Forster and Faulkner’s papers conclude that the Marcus
theory of electron transfer provides a superior fit to the Butler Volmer formulation when
the experimentally measured rate constants for the osmium complexes were analysed.

As the overpotential was increased in chronoamperometry measurements the rate of
electron transfer increased. — However at high overpotentials the rate became
independent of overpotential and a curvature was observed in the Tafel plots. This
curvature was not predicted by the Butler VVolmer approach, as this is only a low driving
force limiting case of the Marcus theory. The rate constant data obtained at
overpotentials of over 200 mV has been fit to the Marcus theory and values for the
reorganization energy have been elucidated. Best fits of the experimental data yield
reorganization energies of 27.7 and 26.4 kJ mol'l for p2p and p3p monolayers,
respectively. These values compare well with a value of 25.5 kJ mol'l when the

theoretical value for outer sphere reorganization was calculated from the Marcus theory
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of electron transfer. Hence it has been concluded that the total reorganization in this

system was due to solvent reorganization.

A later paper by Forster and Faulkner43 deals with the electrochemical properties of
binary monolayers formed by the coadsorption of [Os(bpy)2Cl(p2p)]+ and
[Ru(bpy)2Cl(p2p)]+ where bpy is 2,2"-dipyridyl and p2p is |,2-bis(4-pyridyl)ethane.
These two redox species have the same formal potential and so the surface coverage of
the two adsorbates cannot be determined by conventional cyclic voltammetry
measurements. However, as shown in the previous papers, the rate of heterogeneous
electron transfer depends on the distance of the redox centre from the electrode surface
and this is used to determine surface coverages of the two adsorbates within two
component monolayers. Chronoamperometry reveals three single exponential decays
following a potential step, which changes the redox states of the adsorbates. These
exponential decays correspond to double layer charging of the electrode and
heterogeneous electron transfer to the two redox centers. RC cell time constants were in
the range 50-500 ns, depending on the electrodc radius and the electrolyte concentration
used. The heterogeneous electron transfer rate constants measured at an overpotential
of 50 mV for the osmium and ruthenium centers within the monolayer were 8.7 + 0.3 X
105and 11 £ 0.2 x 104 s'1 respectively. In this work the heterogeneous electron
transfer rates have been measured as the solution concentration ratio of the two
complexes used to form the monolayers was varied from 0.1 to 0.9. The electron
transfer rates were seen to vary very little as the solution concentrations were changed
and this implies that lateral interactions between the two redox centers was not
important in this system even at high surface coverages. In conclusion this paper
presented an alternative way to determine the surface coverages in a two component
assembly, not on the basis of different thermodynamic properties, but on the basis of

different heterogeneous rate constants.

In a more recent paper Forster and O’Kelly%b looked at the pH dependence of the
heterogeneous electron transfer rate. For an [Os(bpy)2(p3p)2]2+ monolayer, where bpy
is 2,2'-bipyridyl and p3p is 4,4'-trimethylenedipyridine. This complex adsorbs to the
platinum electrode surface through a free pyridine ring while the other pyridine ring of
the p3p ligand is free for protonation. The extent of protonation of this ligand has a
varying effect on the measured rate of electron transfer across the monolayer-electrode
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interface and this was investigated by fitting experimental data to a Marcus model
proposed by Finklea and Hanshew. Best fits of the experimental data to the Marcus
model at varying pH’s are presented in Figure 9.

08 04 *02 0 02 04 06
Overpotential 1 V

Figure 9. Tafel plots for [Os(bpy)2(p3p)2]2+ monolayers, where bpy is 2,2'-bipyridyl
and p3p is 4,4'-trimethylenedipyridine adsorbed on a platinum electrode surface as a
function of the supporting electrolyte pH. The data (top to bottom, right hand side)
represent electrolyte pH’s of 5.05, 3.10, and 1.07, respectively. The solid lines denote
theoretical fits obtained from a through space tunneling model where A= 100, 68, and
56 kJ mol'1from top to bottom respectively.

The significant feature of these results is that the reorganisation energy varies with pH
in the range 5.05 to 1.07. At low pH the reorganisation energy is predominantly due to
outer sphere reorganization, Assas Finklea and Hanshew’s model provides a value of 56
kJ mol'l for the solvent reorganisation, which is in good agreement with the value of
56.9 kJ mol"1 calculated from the theoretical Marcus equation. However, at high pH
values, the experimental reorganisation energy reported for non-protonated monolayers
was significantly larger (100 kJmol')) than that predicted for solvent reorganization.
Hence, the inner sphere component, Als must contribute to the reorganisation energy,

possibly due to reorientation of the adsérbate on the electrode surface.
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The final paper to be reviewed in this section shows how rate constants are determined
from cyclic voltammetry data.47 The study centers around dense monolayers of
[Os(OMe-bpy)2(p3p)Cl 1 where OMe-bpy is 4,4'dimethoxy-2,2'-bipyridyl and p3p is
4.4'trimethylenedipyridine adsorbed on platinum, mercury, gold, silver, carbon, and
copper microelectrodes. The objective of the paper was to see if the nature of the
electrode material had an effect on the rate and mechanism of electron transfer. The fast
scan rate CV data (2000 Vs Q) was fit to a model, again based on Finklea and Hanshew’s
non-adiabatic Marcus model for heterogeneous electron transfer. Figure 10 shows high
scan rate cyclic voltammetric behaviour for monolayers immobilized on carbon and
platinum microelectrodes. The peak-to-peak separations at high scan rates are
significantly larger than those observed at low scan rates. Slow heterogeneous electron
transfer could explain this increased peak separation as discussed earlier in this chapter.
The two adjustable parameters in the fitting model used were the standard rate constant,
k° and the free energy of activation, AG*. The rate constants measured were in the
range 103to 104 s’1depending on the electrode material used. One of the conclusions
from this work is that cyclic voltammetry can provide a convenient approach for
determining the electron transfer rate, however, it is not particularly sensitive to changes
in the free energy. When the free energy of activation was changed by 25 % the
residual sum of squares between the predicted and experimental peak currents increased
by less than 10 %. A comparison of the cyclic voltammetry and chronoamperometry
methods for the elucidation of heterogeneous rate constants is presented in Chapter 5 of
this report also.
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Figure 10. Experimental voltammetric responses for 5 /am radius carbon (— and
platinum (—) microelectrodes modified with [Os(OMe-bpy)2(p3p)CI],+ monolayers.
The scan rate is 2000 Vs'1for both CV'’s, and the supporting electrolyte is 1 M agqueous
NaCz104. The data points represent optimized fits to a non-adiabatic electron transfer
model in which k° is 4 x 103and 6 x 104 s'1for carbon and platinum, respectively. The

free energy of activation, AG*, is 6.8 kJ mol'1for both electrode materials.

14 Proton Coupled Electron Transfer

Proton coupled electron transfer reactions occur frequently in biological systems and are
also significant in areas of research relating to corrosion and sensors. Quinone couples
have been used extensively as model systems for this study and have been the subject of
reviews by Chambers,13 more recently by Goldsby and coworkers48 and Okamura and
coworkers.14 The reduction of a quinone, Q to a hydroquinone, H2Q species involves
the transfer of two electrons coupled to the uptake of two protons from solution,/ the

reaction mechanism in low pH solution can be summarised as follows:

O+28'+2H+—— HX (18)

The mechanism of proton and electron transfer is not yet fully understood, although
many papers by authors such as Vetter,305L Laviron225354% and Wightman35/5 have
focused on this topic. Vetter’s early work in the 1950s, looked at the redox chemistry
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of p-benzoquinone/hydroquinone adsorbed on a platinum electrode. The proposition
from these papers that the mechanism of proton and electron transfer varies with pH is
widely accepted. Laviron’s theoretical work in the early 1980s is the most informative
and conclusive to date. The analysis considers all of the possible intermediates
involved, the rates of electron transfer in the system, the pKaS of all reactants,
intermediates and products and the formal potentials for the single electron transfers.
Laviron’s analysis is based around a scheme of squares, known as the “nine-member

box scheme” illustrated in Figure 11,

Q
A
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QH+ QH QH
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QH 2 QH2+ QH2

Figure 11. 9-member box scheme.

Quinones are most suitable for probing coupled proton and electron transfer reactions
due to the binding of protons by quinone molecules in many different redox states,
quinone (Q), semiquinone (Q’) and hydroquinone (H2Q). The extent to which each of
these states binds protons varies and is reflected in the pKa values, which can be
measured experimentally for the different redox states with varying degrees of success.
Values of the acid-base dissociation constants have been published extensively. These
show conclusively that binding of the protons by the semiquinone is relatively weak,
pKa values of approximately 4 (pK” in Figure 11). The binding of protons by the
reduced hydroquinone form is relatively stronger, pKa values are reported to be in the
range 9.85 to 11.40 for QH2/QH" and QH'/Q2Z’ respectivelyh® (pKas and pKae in
Figure 11).
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1.4.1 Evaluation of the Reaction Sequence

In order to elucidate what the reaction sequence is in the oxidation or reduction
direction, a first step is to determine whether proton or electron transfer steps are rate
limiting. A number of cases have been considered in literature, mechanisms in which
proton transfer precedes electron transfer, He, electron transfer precedes proton transfer,
eH, and the case where electron and proton transfer occur in a concerted fashion. The
mechanism by which the coupled proton electron reaction proceeds depends on the pH
of the system.  This is demonstrated in the electrochemical investigation of
anthraquinone-2,7-disulphonic acid (2,7-AQDS) carried out by Forster and O’Kelly.38)
In this study the pH dependence of the rate of heterogeneous electron transfer is probed,
both in solution and when 2,7-AQDS is adsorbed on a mercury surface. The rate of
electron transfer and hence the reaction mechanism is seen to be dependent on the
solution pH, in agreement with Laviron’s and Vetter’s predictions.

H
QH+ QH
A
y
QH2+ QH2

Figure 12. Simplified 9-member box scheme.

In low pH electrolyte solution the scheme of squares can be simplified if the unlikely
intermediates of Q2 and QH22+ are ignored, due to their extreme pK* values.5/ The
most likely intermediates are thus presented in Figure 12, leading to a mechanism,
which involves a H+e"H+e'" transfer process in the reduction step and the opposite for the
oxidation step. This has been probed experimentally by Forster and O’Kelly by looking
at the pH dependence of the formal potential. The Nemst equation@l presented below
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predicts that the formal potential will shift in a negative potential direction with an

increase in the solution pH.

-0.0592(m/n)pH (19)

The cyclic voltammograms recorded for 2,7-AQDS in the pH range 2.8 to 6.1 show a
negative shift in potential with increasing pH as illustrated in Figure 13. The inset of
this figure shows that the potential varies with pH, with a slope of 78 mV per pH unit up
to a pH of 3.9. This slope can be used to predict the number of electrons involved in the
redox reaction. Equation (19) predicts a slope of 59mV for a n-electron/m-proton
reaction. The slope determined experimentally is closest to that predicted for the
transfer of an equal number of protons and electrons and hence we can conclude that the
quinone/hydroquinone reaction involves the transfer of 2 protons and 2 electrons as

predicted.

-12 -0.9 -0.6 -0 30.00.3

Elv

Figure 13. Cyclic voltammograms for a mercury electrode immersed in a 5mM
solution of 2,7-AQDS as the pH of the unbuffered contacting electrolyte solution, 0.1 M
LiCz104 is varied using either HCIO4 or NaOH. The pH values from left to right are 2.8,
3.5, 4.8 and 6.1. The scan rate is 0.1 Vs'L Cathodic currents are up and anodic currents
are down. The initial potential is -1.000 V. The inset shows the dependence of the

formal potential on the solution pH.
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Also evident from the inset of Figure 13 is the independence of the formal potential on
proton concentration in the pH range 4.1 to 13.7. This would indicate that proton
transfer is possibly not involved in the redox reaction over this pH range. Electron
transfer is essentially independent of proton transfer at pH values greater than 4. The
proposed mechanism in this pH region is one that involves the transfer of two electrons
and one proton, thus converting the quinone to a deprotonated hydroquinone form.
Protonations are unimportant at high pH and the electron transfer reactions would only
be affected by electron transfer kinetics. The change in mechanism may be due to the
fact that protons are less readily available in solution for protonation of the monolayer

at high pH values.

Another feature of the inset of Figure 13 is the dramatic shift in potential at pH 4. The
formal potential shifts from -185 to -509 mV. This shift is consistent with that
observed in work carried out by Bailey and Ritchie&® investigating the electrochemistry
of solution phase quinones. These studies agree with the theoretical work of Laviron
and Vetter and propose that this potential shift represents the pKa of the semiquinone
moiety, QH*. The value for pKas is not easily measured but has been reported to be in
the region of 4 by Laviron.% Also, in the intermediate pH region, the mechanism of
proton and electron transfer has not been determined absolutely but the process has been
approximated as e‘H+H+e‘ by Laviron and Vetter. In contrast to this Hale and Parsonse3
suggest that the redox reaction at pH 4 proceeds with either H+e'e'H+or e'H+e'H+.

Another comprehensive study of the pH dependent voltammetric behaviour of an
anthraquinone monolayer has been presented by Uosaki et al.&4 The redox properties of
an adsorbed mercaptohydroquinone (H2QSH) on gold are investigated in the pH range
0-12.7 in both buffered and unbuffered solutions. In unbuffered solutions the peak
potential shows a linear relationship with pH up to a value of approximately 4. The
slope of the potential-pH graph is 60 mV/pH unit, which is indicative of a Nernstian
two electron two proton transfer mechanism as described previously. At pH 4 a second
reduction peak and corresponding oxidation peak appear in the CV in addition to the
original peaks observed at lower pH values. This is similar to the behaviour observed
by Forster and O’Kelly3 for 2,7-AQDS monolayers and also for related anthraquinone
derivatives, 2,6-AQDS®® and 1,2,4-AQASH.67 In related reviews by Eggins and
Chambers@8® and Parker® dealing with the redox behaviour of Q-H2Q systems the

3l



same phenomenon is observed in the voltammetric response. The overall conclusion
from these works is that the mechanism of the redox reaction is different at pH 4. In all
of these related studies it is also evident that the sum of the charges under the redox
peaks at pH 4 is identical to that found under a single redox peak at any other pH value.
This suggests that over the entire pH range the redox reaction involves the transfer of
two electrons but for pH values in the region of 4 two chemically distinct species cause
two l-electron transfers.  These two chemically distinct species are most probably

semiquinone and hydroquinone, as outlined above.

1.4.2 Electrochemical Studies of Anthraquinone Derivatives

Quinone couples have occupied an important position in the efforts to modify electrode
surfaces with electroactive groups due to their well-defined and characterised
electrochemical responses. Work carried out by Bailey and Ritchie& described in detail
the electrochemistry of various quinones in aqueous solution primarily by means of
cyclic voltammetry. The nine quinones studied were chosen to represent a variety of
structural types. Many of the structures, including anthraquinone-2-sulphonate, which
is most relevant to this study were sulphonated in order to ensure high solubility in

entirely aqueous solutions.
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The electrochemistry of sulphonated anthraquinone derivatives have been studied
extensively by a number of research teams. Faulkner, Crooks and He6b discussed the
behaviour of three anthraquinonesulphonates, namely 2,6-anthraquinonedisulphonate
(2,6-AQDS), 1,5-anthraquinonedisulphonate (1,5-AQDS), and
2-anthraquinonemonosulphonate (2-AQMS).  They noted that 2,6-AQDS forms
extremely tightly bound adsorbate layers on a mercury surface, which are stable in both
redox states. This work, in common with other recent experimental investigations of

66 771 572 373 574

2,6-AQDS adsorbing on mercury and pyrolytic graphite electrodes reports
interesting voltammetry. A spike is seen to appear in the cyclic voltammogram when
high surface coverages are reached. This phenomenon has also been observed in this
work67 for 1-amino,2-sulphonic,4-hydroxyanthraquinone (1,2,4-AQASH) monolayers

and will be discussed in more detail in Chapter 3.

Faulkner and coworkers& and Zhang and Anson6 propose that intermolecular hydrogen
bonding is responsible for the sharp voltammetric feature. When cyclic
voltammograms are run from solutions containing low concentrations of the
electroactive species no spike is observed in the voltammetric waves and a Langmuir
response is obtained. The adsorbates are well separated at low surface coverages, hence
preventing intermolecular interactions. At higher solution concentrations the adsorbates
are closer on the electrode surface, thus allowing hydrogen bonding interactions
between the hydroxy group on one molecule and the sulphonic group on a adjacent
molecule to occur. It has also been observed in these studies that the prominence and
sharpness of the spike in voltammograms strongly depends on the pH of the deposition
solution. As shown in Figure 15 the spike diminishes in size and is ultimately
eliminated as the pH of the supporting electrolyte is increased. It has been suggested in
Faulkner’s study that protonation of the sulphonate groups does not occur at high pH
values, and this results in a breakdown in the hydrogen bonded network. This would
account for the disappearance of the sharp spikes in cyclic voltammograms at high pH.
McDermott and coworkers7 have structurally characterised 2,6-AQDS films adsorbed
on a graphite surface by means of scanning force microscopy. These results further
investigate the theory of interacting adsorbates on the electrode surface and are
presented in Section 1.5.2 of this chapter.
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Figure 15. pH dependence of the cyclic voltammetry of 2,6-AQDS adsorbed on
graphite electrodes. The electrode surfaces were saturated with 2,6-AQDS by exposure
to 103 M solutions in 0.05 M H2SO4 for 10 min. The resulting electrodes were washed
and transferred to 1 M sulphate supporting electrolytes adjusted to the indicated pH
values. Scanrate is20 mV's' .

The cyclic voltammetric response for 1,5-AQDS is significantly different from that
observed for 2,6-AQDS monolayers. No spikes are seen in the voltammetry of 1,5
AQDS. Faulkner and coworkers have attributed this difference to the structural
difference between 1,5-AQDS and 2,6-AQDS molecules. It is assumed in this
publication that 1,5-AQDS undergoes intramolecular hydrogen bonding between the
hydroxy groups in the 9 and 10 positions and the sulphonic groups in positions 1and 5,
Figure 16(B). This is not the case for 2,6-AQDS monolayers as the phenolic protons
and sulphonate group are too far apart in the structure, Figure 16(A). This structural
analysis by Faulkner, Crooks and Hees presented in Figure 16 was based on cyclic

voltammetry and was not otherwise experimentally proven in this publication.

The structural differences in 1,5-AQDS and 2,6-AQDS have a significant effect on the
heterogeneous electron transfer rates measured for the two molecules when adsorbed on
mercury and this has been shown in experimental investigations by Xu,7s Forster,76 He
et al,e5 and Berg.77 The heterogeneous electron transfer rate for 1,5-AQDS monolayers
is about 50 times smaller than that found for 2,6-AQDS systems. This difference in
kinetics is attributed in all cases to differences in the film structure and existence of

internal hydrogen bonding in 1,5-AQDS films.
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Figure 16. (A) Proposed extended hydrogen bonded structure for reduced, adsorbed
2,6-AQDS. (B) Proposed intramolecular hydrogen bonding in 1,5-AQDS.

1.4.2.1 Adsorption Isotherms

The formation of a bond between an adsérbate and an electrode surface is called
adsorption. The extent of adsorption is usually expressed as a surface coverage, F, i.e.,
the fraction of the surface covered by adsorbate. Adsorption may be considered as a
competition between all species in the system for sites on the electrode surface. Hence
T will depend on the nature of the electrode material, solvent, electrolyte composition,
adsorbate structure and concentration. The extent to which a surface is covered by
specifically adsorbed ions or molecules can be described by adsorption isotherms that
relate the amount of substrate adsorbed on the electrode per unit area, T, to the bulk

concentration in solution.

The main isotherms are the Langmuir, Frumkin and Temkin isotherms. The Langmuir

isotherm assumes no interactions between adsorbed species on the electrode surface and
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at high bulk concentration saturation coverage, r s is dictated simply by the size of the
adsorbate. The orientation adopted by the adsorbates is that which minimises the local
interfacial energy. Moreover, it is assumed that the equilibrium coverage is attained
rapidly and reversibly. The Langmuir isotherm is described by the following

expression:

where Tj is the surface excess of an adsorbed species i, Ts is the surface excess of

species i at saturation, p, is the adsorption coefficient and C; is the bulk concentration.

In experimental studies carried out on a number of anthraquinones outlined in chapters
3 and 4 we see that these molecules generally adsorb rapidly and reversibly to a
mercury electrode surface. However in the case of single component monolayers of
1,5-dimethoxyanthraquinone (1,5-DMAQ) a period of time is required to achieve
equilibrium surface coverage, this will be discussed in detail in chapter 4. If attractive
or repulsive adsorbate-adsorbate interactions are present among adsorbates, then an
exponential term is added to the Langmuir isotherm to account for these interactions.
These forces could arise due to electrostatic interactions between charged adsorbates,
e.g. hydrogen bonding. One of the simpler isotherms that considers these lateral

interactions is proposed by Frumkin and is described by:
PiC, = -"-exp(g0i) (21)
I-Ui

where 0j = Tj / r &, E is the saturation coverage of species i in mol cm'2 at a bulk
concentration Q, Ts is the saturation coverage obtained at high bulk concentrations and

(@ the adsorption coefficient.

The interaction parameter, g in Equation (21) expresses the way in which increased
surface coverage changes the adsorption energy. If g is positive, the interactions
between two adsorbates are repulsive. If g is negative, the interactions are attractive.

This isotherm generally provides a better fit to experimental data, when investigating
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the electrochemistry of anthraquinone species. As outlined previously in section 1.4.2,
anthraquinones can hydrogen bond intra- or intermolecularly. The experimental results
presented in chapter 3 for monolayers of 1-amino, 2-sulphonic, 4-hydroxyanthraquinone
(1,2,4-AQASH) and 9,10-anthraquinone (9,10-AQ) probe the existence and extent of H-

bonding interactions in adsorbed fdms in more detail.
1.4.2.2 Two Component Anthraquinone Monolayers

To conclude this section, a brief summary of work carried out on two component
anthraquinone monolayers is presented. Recent studies have been reported by Forster
and coworkers™* and Willner and Katz® The coadsorption of surfactants at the solid
liquid interface represents a significantly more powerful approach to probing the nature
and strength of lateral interactions between adsorbates since both the intersite separation
and the identity of the adsorbates can be systematically varied. In an early publication

by Forster, adriamycin and quinizarin were studied.

Figure 17. Structures of adriamycin and quinizarin.

The cyclic voltammetric data for adriamycin suggests that heterogeneous electron
transfer is a relatively fast process, compared with that of quinizarin. This can be seen
from a scan rate dependent study from 5to 50 Vs'L In adriamycin films the integrated
charges under the cathodic and anodic peaks are identical up to 50 Vs"land AEPis less

than 10 mV. However, for quinizarin films, AEPis not negligible for scan rates above 5
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Vs and the magnitude of the peak separation increases with increasing scan rate.
Cyclic voltammetry also shows that the formal potential of these two species overlap on
the potential axis, hence chronoamperometry was used to determine the surface
coverages of both adriamycin and quinizarin when they are coadsorbed on the electrode
surface. The ultimate objective of this work was to compare the rate constants obtained

for single component systems with those obtained for mixed structures.

0.50 -0.60 70100

Figure 18. Cyclic voltammogram for 30 (am radius mercury microelectrodes immersed
in (A) a 5(,M solution of adriamycin and (B) a 5 |iM solution of quinizarin. Scan rates
from top to bottom: 50, 20, 10 and 5 Vs'L The supporting electrolyte is 1 M HCIOa4.
Cathodic currents are up and anodic currents are down. The initial potential is-0.7 V.

In chronoamperometry experiments a potential step is applied, which oxidises both the
adriamycin and quinizarin redox centres within the monolayer. Three exponential
decays result as illustrated in Figure 19, which correspond to double layer charging of
the electrode and oxidation of the two anthraquinone molecules. The mercury

microelectrode used in these measurements is 30 /am radius and has a response time of
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450 ns. When an identical potential step is applied to an electrode coated with a
monolayer of a single redox species the rate constants observed from the exponential
decay is within 10% of that found for the binary monolayers. Observation of the same
heterogeneous electron transfer rate constants for single and binary monolayers
indicates that lateral interactions between adjacent adriamycin and quinizarin molecules
does not occur to any great extent. It was also found that modelling the experimental
data using the Frumkin isotherm,20 which considers adsorbate-adsorbate interactions

gave interaction parameters that were close to zero.

Timel/|js

Figure 19. Log (current) versus time response for a 30 |um radius mercury
microelectrode immersed in a solution containing 10 (@M adriamycin and 10 WM
quinizarin following a potential step where the overpotential was 0.050 V. The
supporting electrolyte is 1.0 M HCIO4. The time axis is referenced with respect to the

leading edge of the potential step.

In a more recent publication by Forster and O’Hanlong detailing the electrochemical
behaviour of 2,7-AQDS and 1,4-AQCIOH in a binary system, the lateral interactions
between unlike molecules were significant. The goal of this work was to probe the
extent to which these quinones interact as both the intersite separation and the
composition of the monolayer was systematically varied. Voltammetric results show
that the formal potential of 2,7-AQDS shifts to more negative potentials when it is part
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of a two component system indicating that its easier to oxidise and the electron density
on the adsorbate is higher. In contrast, the potential of 1,4-AQCIOH shifts to a
relatively more positive potential indicating lower electron density. Also, the peak-to-
peak separation, AEPfor 1,4-AQCIOH is slightly larger in a two component assembly.
These observations suggest that the adsorbates interact laterally through intermolecular
hydrogen bonds in which 2,7-AQDS and 1,4-AQCIOH act as electron donors and
acceptors, respectively. In conclusion the data was satisfactorily fit to a competitive
Frumkin isotherm, thus confirming the theory that the species interact when coadsorbed.
In chapter 4 of this work, the electrochemical behaviour of two different anthraquinone
derivatives, 1,5-dimethoxyanthraquinone (1,5-DMAQ), and l-amino,2-sulphonic,4-
hydroxyanthraquinone (1,2,4-AQASH) is investigated when coadsorbed on a mercury
surface.  The results show interesting similarities and contrasts to Forster and
O’Hanlon’s earlier work presented above. When coadsorbed the two anthraquinone
molecules are seen to interact on the electrode surface. The competitive Frumkin
isotherm provides a good fit to the experimental data, however the interaction parameter
prediced is positive. This indicates that there are repulsive interactions between 1,2,4-
AQASH and 1,5-DMAQ adsorbates at high surface coverages.

1.5 Surface Characterisation of Monomolecular Films

The monomolecular films presented in the previous sections can be characterised by a
number of methods to determine the mode and orientation of adsorbates on the
electrode surface and the extent of interaction between adsorbed species. Raman and
infrared spectroscopy and surface probe microscopies are the principal techniques

reviewed in this section.

A number of publications by Soriaga and coworkers@I'&838/& in the early 1980s
concentrate on the adsorption and orientation of aromatic/quinonoid compounds
adsorbed on platinum surfaces. The compounds employed in all of these studies were
chosen because they display comparatively uncomplicated electrochemical reactivity,
and represent a range of structures and chemical properties. The experimental method
used throughout these studies employs a thin layer electrochemical technique. In cells
of this design a thin layer of electrolyte is contained between a cylindrical platinum

electrode and surrounding glass tubing. The data obtained in these studies was from a
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10 M solution of the adsorbing aromatic compound. This ensured that saturation
coverage determined from voltammetric data was reached for each possible orientation.
With this setup an accurate measure of the amount of adsorbed species was obtained
and from this a measure of the average area adsorbed per molecule, ctcan be calculated
using Equation (22).

1016
6.023-vl 023r

(22)
where athas units of A2and T is the surface coverage on the electrode and has units of
mol cm'2. In order to go from coverage data to conclusions about how the aromatic
moiety is oriented on the electrode surface it is necessary to calculate the theoretical
surface area for a number of possible orientations and compare these with experimental
results.  Soriaga and coworkers have used molecular models, which take into
consideration the covalent and van der Waals radii tabulated by Pauling.®  Each
molecule studied was considered to be surrounded by an envelope, as illustrated in
Figure 20, which represented the probable distance of closest approach between

molecules.

ANORWMAS

Figure 20. Molecular unit cell assumed in theoretical estimates of the average area

adsorbed per molecule, c.

The three possible orientations proposed in Soriaga’s studies are where the aromatic
ring is adsorbed parallel to the electrode surface or perpendicular to the electrode
surface, either in an edgewise or endwise orientation. Nomenclature proposed by
Cotton8 is used to refer to these orientations as q6 (parallel), r|2 (edgewise) and r|’

(endwise) respectively. The orientation of a molecule of the surface is potentially
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dependent on a number of different variables. These include the molecular structure,
solute concentration, electrolyte, potential, temperature, pH, electrode material and
possibly others. These are the focus of the series of papers presented by Soriaga and
coworkers but will not be discussed in detail here. It is sufficient to comment on the
results of sulphonated anthraquinones, 1,5-AQDS and 2,6-AQDS, which formed part of
these studies and are most relevant to the experimental work in this report. The
experimental a values for 1,5-AQDS and 2,6-AQDS adsorbing on a platinum electrode
surface are 140.7 £ 14 and 130.7 £ 7.1 A2 respectively, and the theoretical values
calculated by the method described earlier are 138.0 and 126.3 A2 for a flat orientation
on the electrode surface.® Theoretical values for an edgewise, and endwise, orientation
are 75.5 and 74.2 A2for 1,5-AQDS and 102.4 and 98.6 A2 for 2,6-AQDS respectively.
Hence, the experimental values agree with those predicted for a flat orientation, r)6, on
the electrode surface. The resistance ofthese molecules to reorientation could be due to
an entropy effect. When the adsorbates are adsorbed parallel to the surface the three
fused rings can interact with the surface, where an edgewise or endwise orientation

would only allow for limited interaction.
1.5.1 Raman Spectroscopy

Surface enhanced Raman spectroscopy (SERS) has been used extensively since it was
discovered in 1974 and is therefore emerging as a valuable surface characterization
technique for the systems reviewed here. The overall spectral intensity provides an
approximate measure of the surface coverage of the redox species. The relative
intensity of the individual bands can be used to determine an average orientation of the
adsorbate molecules on the surface. A comprehensive review written by Garrell® in
1989 presents a description of the SERS technique and presents some of the broader
fields in which it is applied. SERS has a number of advantages to the conventional
Raman spectroscopy technique. When characterizing monomolecular films such as
anthraquinones on mercury the weak intensity of Raman scattering makes this
impossible to probe using conventional methods. Using SERS it is possible to study
molecules adsorbed on a metal surface even at sub-monolayer coverages. The surface
can provide up to 107-fold enhancement of the Raman scattering of the adsorbed species
while scattering from the solvent remains relatively weak. The most obvious

requirement for the investigation of a species by SERS is that the analyte in solution
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interacts strongly with a SERS metal. Metals, which give good surface enhancement
using a visible wavelength Raman excitation source are silver, gold, mercury and

copper, while gallium and platinum are often used with an infrared source.®

Surface enhanced Raman scattering studies of various anthraquinone derivatives have
been carried out by Ramakrishnan since 1990.0091R%BH These publications provide
useful information on the orientation of these molecules on a silver surface, which show
interesting contrasts to the conclusions drawn by Soriaga in the previous section. In all
of Ramakrishnan’s studies the anthraquinone derivatives were adsorbed on a silver sol.
This sol was prepared by adding 100 mis of AgNC=8 (6 x 10'4mol 1')) solution drop wise
to 300 mis of NaBH4 (1 x 10'3mol I') while stirring slowly. The mixed solution was
then cooled to ice temperature and the resultant silver sol was yellow in colour, which

showed a single adsorption band in the Raman spectrum at 390 nm.

Much of the Raman spectroscopy studies detailing the structure of anthraquinone
derivatives focus on disubstituted hydroxyanthraquinones. Marasinghe and Gillispie%
report on the geometry of 14-, 15 and 1,8-dihydroxyanthraquinone and 1-
aminoanthraquinone. The principal conclusion from this work is that substitution of the
anthraquinone ring causes distortion of the molecule from planarity. More recent work
by Margetic and Maksic% and Smulevich and coworkersd examine similarly
substituted anthraquinones to determine the optimal geometry of the molecules. Figure
21 illustrates the Raman spectra obtained for four substituted anthraquinones and shows
clearly that the position and intensity of the spectral peaks is determined by the mode of
substitution on the anthraquinone rings. The principal peaks in the high frequency
spectral region, i.e., from 980 to 1700 cm'lare listed in Table 1 These studies however
do not consider the changes in the structure of the anthraquinones when they are

adsorbed on an electrode surface.
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Figure 21. High frequency resonance Raman spectra of 1-hydroxyantliraquinone and
1,4-, 1,5- and 1,8-dihydroxyanthraquinone, in CCU, recorded with 406.7 nm excitation.
Experimental conditions were as follows: 5 cm'lresolution, 4 s/lcm'lcollection interval
and 20 mW laser power at the sample. The numbered bands are assigned in Table 1

below.

45



Table 1. Assignment of the principal Raman spectra bands for hydroxyanthraquinones.

The frequencies are in cm'l and the intensity of the bands are assigned as follows;

s-strong, m-medium, w-weak, sh-shoulder.

n

18

19

20

21

22

23

24

29

30

3l

32

34

Assignment
1-HAQ

880m

926w

1154m

1189s

1226s

1268m

1304m

1331m

1361s

1577s

1601m

1678

Assignment
1,4-DHAQ

877s

1162m

1225s

1265m

1341m

1331w

1403s

1570w

1589m

Assignment
1,5-DHAQ

1157w

1194m

1234m

1315w

1311m

1339m

1357s

1571s

1591sh

46

Assignment
1,8-DHAQ

1156w

1213s

1279sh

1296m

1341m

1354s

1566s

1597w

1680w

Mode

sk def

sk def

vcon
ring st
ring st, SCH
ring st, 8th
ring st, 5¢ch
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ring st
ring st
ring st
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Two of Ramakrishnan’s papersd®3 concentrate solely on the adsorption of
1,4-dihydroxyanthraquinone and conclude that this molecule adsorbs on a silver surface
in a flat orientation. This is due to intramolecular hydrogen bonding between the C=0
groups in the 9 and 10 positions and the O-H groups in the 1 and 4 positions, making
them unavailable for adsorption. Thus, the n orbital system is most available for surface
interaction and a parallel orientation results. Figure 22 illustrates the normal Raman
spectrum and surface enhanced Raman spectrum of 1,4-DHAQ. It is obvious from this
illustration that SERS is much more sensitive than the normal Raman spectroscopy,
with 8 weak bands appearing in the normal spectrum in comparison to 16 stronger
bands in the SERS. Although the reason for the enhancement is still not fully
understood it is thought to be due to two principal mechanisms, electromagnetic and
chemical.AB In the case of the electromagnetic mechanism, the enhancement relative
to the normal Raman spectrum arises because of increased electromagnetic fields on the
surface that is used as the SERS substrate. In the case of the chemical mechanism the
enhancement may be due to some short-range interaction between the adsérbate and the

surface.

The bands in the Raman spectra are labeled and have been assigned as follows; the
bands at 1594, 1537 and 1469 cm'1(a, b, c) are seen in the SERS spectrum only and are
all assigned to ring stretching vibration. The intense band at 961 cm'1(d) in the SERS
spectrum is due to the ring breathing mode. However, the ring breathing mode is very
weak in the normal Raman spectrum. The band at 1042 cm"lin the normal Raman
spectrum is due to C-H in plane bending mode, however this is shifted to 1059 cm'lin
the SERS and is of greater intensity than in the normal Raman spectrum. The weak
band in the SERS at 2900 cm'l (f) has been assigned to a C-H stretching vibration,
which occurs only when the anthraquinone is adsorbed on an electrode surface. The
bands at 912, 866 and 697 cm'1(g, h, i) are due to out of plane C-H bending modes.
These bands are not observed in the normal Raman spectrum. The ring deformation
vibrational modes appear as medium intensity bands at 617 and 651 cm'1(j, k) in the
SERS but only one band is seen in the normal Raman spectrum at 651 cm'L A weak
and broad band at 3011 cm"1(2) is due to a O-H stretching mode, which is characteristic
in hydrogen bonded molecules. The intense band at 1354 cm'l(m) corresponds to a
C-OH stretching mode whose intensity is much greater that that in the normal Raman

spectrum. Carbonyl stretching occurs at 1674 cm'lin the normal Raman spectrum and
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in the SERS (n). This band is of relatively low intensity and Ramakrishnan attributes
this to hydrogen bond formation in 1,4-DHAQ when it is adsorbed on the silver sol

surface.

700 1000 1300 1600 2B00O 3C00

WAVE NUMBER (cm *1)

Figure 22. (A) Normal solution Raman spectrum of 1,4-DHAQ and (B) Surface
Enhanced Raman spectrum of 0.1 x 103M 1,4-DHAQ in silver sol.

Another  hydroxyanthraquinone  studied in  this series of papers is
1,5-dihydroxyanthraquinone (1,5-DHAQ).® Figure 23 illustrates the normal Raman
spectra of 1,5-DHAQ and the SERS when adsorbed on a silver substrate. In the normal
Raman spectrum the spectral bands are swamped by the fluorescence background. The
SERS spectrum however shows well-resolved bands and this is due to the fact that the
fluorescence is quenched when the molecule is adsorbed on the metal surface. The
SERS spectrum shows four strong bands (818, 1259, 1679 and 1734 cm-1), five medium
intensity bands (478, 1278, 1642, 2834 and 3044 cm']) and three weak bands (741, 999
and 1159 cm'). According to surface selection rules, the vibrational modes involving
atoms that are closer to the metal surface attain greater enhancement in comparison with
other vibrations. The spectral bands are assigned as for 1,4-DHAQ as outlined above,
but most notable is the band attributed to the C=0 stretching mode. This band is of
strong intensity and indicates that 1,5-DHAQ is adsorbed perpendicular to the electrode
surface in a “stand-on” orientation through the C=0 group, as illustrated in Figure 23

below.
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Figure 23. (a) Normal Raman Spectrum of 1,5-DHAQ and (b) SERS spectrum when
1,5-DHAAQ is adsorbed on silver sol.

The spectral analysis of 1,4-DHAQ and 1,5-DHAQ in Ramakrishnans two publications
outlined in this section draws unlikely conclusions if the structure of the two adsorbates
is considered. 1,4-DHAQ and 1,5-DHAQ have the same structure except that one of the
-OH groups is attached at the 4 position and the other is attached at the 5 position.
However in both cases the -OH group is adjacent to a C=0, Figure 24. Therefore, if
1,4-DHAQ intramolecularly hydrogen bonds and adsorbs in a parallel orientation as a
result, it would seem logical that 1,5-DHAQ would undergo the same interaction. One
possible reason for the difference in orientation could be explained if the roughness of
the electrode surface is considered. All of Ramakrishnan’s studies involves adsorption
of AQs onto silver sol. This surface consists of large aggregates of silver spheres or
randomly spaced individual silver spheres and is therefore not atomically smooth and

may influence the mode of adsorption of the adsorbates.
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Figure 24. Structure of 1,4-dihydroxyanthraquinone and 1,5-dihydroxyanthraquinone.

One other notable contribution in this area is a publication by Taniguchi and
coworkers® in 1999. Cyclic voltammetry and Raman spectroscopy were the techniques
employed in this study to probe two anthraquinone derivatives, namely,
1-anthraquinonylbutylsulfide, 1-AQS and 2-anthraquinonylbutylsulfide, 2-AQS. These
adsorbates were investigated when adsorbed on silver and gold surfaces. The frequency
shifts and relative intensities of C-H bands to ring breathing bands in the Raman
spectrum are used to elucidate the orientation on the surface. This will be discussed in
more detail in Chapter 3 of this work, as it bears relevance to the experimental results

presented therein.

1.5.2 Infrared Spectroscopy

One of the earlier studies probing the electrochemistry and surface characterization of
1,5- and 1,6-anthraquinone disulphonate fdms is that presented by Zhang and Anson@
in 1992. Further to the cyclic voltammetry results presented in section 1.4.2 of this
review, IR spectroscopy provided an additional insight into the factors which effect the
electrochemical response of these adsorbates as the solution concentration and the
deposition time increases. When adsorption is carried out from a dilute solution of 2,6-
AQDS (10'5M) on a graphite electrode for times less than 60 seconds the IR spectrum
shows no significant difference from that obtained from a bare graphite electrode,
Figure 25 (a) and (b).
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Figure 25. Spectrum (a) IR spectrum from a polished basal plane pyrolytic graphite
electrode in 0.05 M Hzs04. The electrode was stepped from 0.1 V to -0.2 V to obtain
the spectrum shown. Spectrum (b), IR spectrum for the same electrode after it had been
exposed to a 10'5M solution of 2,6-AQDS for 1-2 min and then transferred to a thin
layer IR cell to record the spectrum. Curve (c), cyclic voltammogram recorded in 105
M 2,6-AQDS in 0.05 M H2s04 before the electrode was washed and transferred to the
thin layer IR cell to record spectrum (b). Curve (d), cyclic voltammogram recorded

with the same electrode after recording spectrum (b).

However, when the solution concentration is increased to 103 M and the time allowed
for adsorption is increased to 10 minutes the IR spectrum shows features due to the
adsorbed 2,6-AQDS moieties, Figure 26. The authors conclude that the IR spectra
recorded at low and high surface coverage provides information about the orientation of
the adsorbates on the graphite surface. In IR spectroscopy only species adsorbed with
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their dipole moments perpendicular to the electrode surface can be detected. Thus, it
can be concluded that 2,6-AQDS and 1,5-AQDS are adsorbed parallel to the electrode
surface at low surface coverages, as the adsorbed spectra show no difference from the
spectrum of bare graphite. At high concentrations the appearance of additional bands in
the IR spectrum would suggest that the adsorbates are arranged in a more perpendicular
or tilted orientation. This interpretation of the CV and IR results is reasonable assuming
that IR spectroscopy measurements are sensitive enough to measure a small amount of
adsorbate on the electrode surface. After 60 seconds of adsorption it is clear from the
CV data, illustrated in Figure 25 (c), that adsorption has occurred, however it has not
been proven that IR spectroscopy is capable of detecting such small amounts on the
surface. Cyclic voltammetry is a sensitive technique and is capable of measuring down
to a small fraction of monolayer coverage. This is illustrated in this study and

repeatedly in the experimental chapters of this work.
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Figure 26. (a) IR spectrum of a polished basal plane pyrolytic graphite electrode in
0.05 M H2S04 and (b) IR spectrum of the same electrode after it is exposed to a 103 M
solution of 2,6-AQDS for 10 min and then transferred to a thin layer IR cell. The
potential was stepped from 0.1 to -0.2 V to obtain both spectra.
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1.5.3 Scanning Probe Microscopy

A number of papers have focused on the characterization of monolayers using scanning
probe microscopy. This section will focus mainly on the limited number of publications
concerning anthraquinone derivatives. Ta, Kanda and McDermott7 have published a
combined voltammetric and scanning force microscopy investigation of 2,6-AQDS
films adsorbed on an ordered graphite surface. Consistent with the results presented in
Zhang and Anson’s combined IR and cyclic voltammetry study, the structure of 2,6-
AQDS films varies as a function of concentration. Images collected from two solution
concentrations, 10 jaM and 1 mM are presented in Figure 27. At low surface coverages
the adsorbed layer appears to be discontinuous with a high density of pinhole defects.
The darker regions of the images in Figure 27 (A) and (B) represent the unmodified
graphite surface, this has been determined by recording SFM images of an unmodified
HOPG surface in 1M Hc104. The defect sites range in size from 100 to 250 nm.

When the electrode was exposed to a higher concentration of the anthraquinone images
such as those displayed in Figure 27 (C) and (D) were obtained. The topographic image
shows a pattern of intersecting elongated domains that are 0.3 to 0.7 nm higher than the
surrounding background. The domains range in length from 100 to 700 nm and in
width from 35 to 100 nm. Further experiments have shown that application of a higher
imaging force causes the top layer to be swept away leaving the disordered layer. These
results imply that when the solution concentration is increased a relatively more ordered

layer is formed on top of the initial disordered layer.
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Figure 27. (A) and (B) are respectively 2.7 jam x 2.7 (am topographic (Z-scale = 10
nm) and lateral force (Z-scale = 0.2 V) SFM images of an equilibrated 2,6-AQDS fdm
on HOPG. Images were collected in 10p.M AQDS (1M HCIO4). (C) and (D) are
respectively 1.6 (amx 1.6 (amtopographic (Z-scale = 2 nm) and lateral force (Z-scale =
0.5 V) SFM images collected in ImM 2,6-AQDS (1M HCIO4) solution.

Kim and coworkers1® have more recently probed the adsorption of anthraquinone-2-
carboxylic acid on silver. This study encompasses a number of techniques including IR
Spectroscopy, Quartz Crystal Microbalance, and Atomic Force Microscopy. The
primary goal of this work is to determine if the two surface probing techniques produce
consistent results in the characterization of this self-assembly process. The infrared
measurements conclude that AQ-2-COOH is chemisorbed on the silver surface through
the carboxylate group after deprotonation. This has been concluded from the IR
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spectrum recorded when AQ-2-COOH is adsorbed on a silver surface, which shows an
intense peak at 1394 due to symmetric stretching of a COO” group. The relative
intensity of the spectral bands in IR indicate that the molecular plane of the adsorbed
AQ-2-COQ” is neither perpendicular nor flat with respect to the silver surface. Hence,
it has been concluded from this study that the anthraquinone adopts a tilted orientation

to the surface normal, Figure 28:

Figure 28. Mode of adsorption of AQ-2-COOH on a silver surface.

The peak positions and intensities in IR spectroscopy show no notable difference after 5
minutes of self-assembly to those observed after two hours. Therefore, it was
concluded that AQ-2-COOH forms maximum surface coverage in a short time. This
result is confirmed through QCM measurements. In these experiments the silver coated
quartz was placed in contact with a 0.5mM AQ-2-COOH ethanol solution. When the
anthraquinone solution was injected, the resonant frequency of the quartz abruptly
decreased by approximately 15 Hz and stabilized within two minutes, regardless of the
concentration used (concentrations in the range 0.02-2mM were used in these
measurements). This implies that the monolayers are formed rapidly and are stable over

long periods of time.
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Figure 29. Frequency change of QCM in a 0.5 mM AQ-2-COOH solution in ethanol.
The arrow indicates the time at which a AQ-2-COOH stock solution was injected into

the cell.

The results obtained from IR and QCM are also in agreement with AFM measurements.
Figure 30 shows an AFM image covering an area 3.0 nm x 3.0 nm of a self assembled
monolayer of AQ-2-COOH on a silver substrate. The lighter areas denote higher
regions and the darker areas represent lower areas. From this image its evident that the
adsorbed moieties are arranged parallel to one another and form a close packed
structure. This study shows that AFM can produce molecularly resolved images of
layers adsorbed on a surface, providing there is some order in the adsorption pattern.
An area of occupation by one adsérbate of AQ-2-COOH was estimated to be 62 + 5 A
from the AFM image.

Figure 30. AFM image (3.0 nm x 3.0 nm) of a self assembled monolayer of

AQ-2-COOH on silver. Image was FT-filtered to remove noise.

56



1.6  Electrochemical Techniques and Instrumentation

1.6.1 Cyclic Voltammetry

Numerous methods in electroanalytical chemistry have been developed in recent
decades, among the most popular of these is cyclic voltammetry. In 1941 Laitinen and
Kolthoff introduced the term voltammetry to describe steady-state current-voltage
curves. Xl The data available from this technique refers not only to the thermodynamic
parameters such as e.g., the redox potential, but also gives direct insights into the
kinetics of electrode reactions, which include both heterogeneous and homogeneous
electron transfer steps.1?18104 Cyclic voltammetry consists of scanning a chosen
potential region and measuring the current response arising from the electron transfer
and associated reactions that occur at the electrode surface.121®b It is implemented in
the experimental section of this thesis to characterise various anthraquinone
monolayers. In addition to indicating the number of different oxidation states in a
complex, the peak height of a voltammogram is related to both the concentration and
reversibility of a reaction. Cyclic voltammograms run at varying scan rates can be
analysed to determine if a species is adsorbed on an electrode surface or diffusing to the
electrode. As seen from results in chapters 3 and 4 anthraquinones adsorb on a mercury
electrode surface and cyclic voltammetry can then be used to give an insight into the

packing density and orientation of these surface-confined species.
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Figure 31. Potential waveform for cyclic voltammetry. Ej is the initial potential, Efthe

final potential, Enax the maximum and Eninthe minimum potentials.

Normally, voltammetric experiments are performed using a stationary working
electrode in a quiescent solution. The voltage is scanned in a triangular fashion, Figure
31, and the resulting current measured. Most cyclic voltammograms have a peak
shaped current-voltage curve. Starting with an initial potential, Ej, a linear potential
sweep is applied to the electrode. The initial potential is chosen where no redox
reaction occurs. As the potential is scanned in either a positive or negative direction,
the half wave potential for the species in solution is reached and the current starts to
increase. This reaction creates a concentration gradient, which sucks in more electro-
active species until depletion effects set in and the current begins to fall back towards
the baseline. 12 After reaching a switching potential, the sweep is reversed and the
potential is returned to its initial value, which explains the term cyclic voltammetry.16
The potential scan can be terminated after the first cycle but is usually is scanned for a
number of cycles. Scan rates vary from a few millivolts per second to thousands of
volts per second. Typically the scan rate is from 50 mVs'1to 1 Vs'lat macroscopic

electrodes but much higher scan rates may be applied at ultramicroelectrodes.1b

Bard and Faulkner use energy level diagrams to explain the reduction/oxidation process
of an electroactive species at the electrode surface. The system described could
represent an anthraquinone moiety in an electrolytic solution at a mercury electrode. In

an electrochemical experiment the energy of an electron can be changed at will. For
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reduction to occur a negative potential is applied to the working electrode in the
electrochemical cell. The energy of the electrons in the electrode increases with
increasing negative potential as illustrated in Figure 32(A). When they reach a level
high enough to transfer to vacant electronic states in the electroactive species an
electron transfers into solution and a reduction current flows. Similarly, if the energy of
the electrons in the electrode are lowered by applying a positive potential to the
electrode, electrons can transfer from the electroactive species in solution to the
electrode. This flow of electrons results in an oxidation current and is depicted in
Figure 32(B) below.

A
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(LU MO)
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mH - (HOMO) - H -
(B : Herock  Soluti
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Figure 32. Reduction (A) and oxidation (B) of an electroactive species in solution,

molecular orbitals shown are those of the highest occupied MO and lowest vacant MO.
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1.6.1.1 Solution Phase Electrochemistry

Figure 33 shows the response expected for a species, which freely diffuses to and from
the electrode surface to undergo a redox reaction. The most important features in the
cyclic voltammogram are the two peak potentials, the cathodic peak potential, Eoc and
anodic peak potential, Eppand corresponding peak currents, ipcand ipa The current that
flows across the electrode/solution interface is a sum of the contribution from the
faradaic reaction and capacitive current.107 In electrochemical measurements the
faradaic current is of most importance since this results from the oxidation and
reduction of the electroactive species and is therefore a means of measuring the rate ofa
redox reaction. However, once a potential is applied to the electrode surface double
layer charging occurs by electrostatic attraction and repulsion of cations and anions near
the electrode surface. This serves to balance the charge on the electrode, and is shown
as an approximately constant value at the foot of the voltammetric wave in the cyclic
voltammogram. One of the ways to reduce this capacitive effect is to use
ultramicroelectrodes, as the double layer capacitance is proportional to the electrode
area. Thus, shrinking the size of the electrode causes the interfacial capacitance to

decrease with decreasing r2. This is discussed further in Section 1.7.2.2 of this chapter.

Figure 33. Cyclic voltammetric response for a fully reversible reaction in solution.
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In practice, under standard measuring conditions reversible and quasi-reversible cases
occur most frequently. X2 A reversible response means that the rate of the redox
reaction is fast enough to maintain equilibrium concentrations of reactant and product at
the electrode surface as the applied potential is varied. For a reversible wave the
potential, Epis independent of scan ratelBand the peak current, ipis proportional to v12

as given by the Randles-Sev¢ik Equation,

ip=(2.69x10 > I2ADil2vil2C (23)

where n is the number of electrons transferred in the reaction, A is the area of the
electrode, v is the scan rate employed and C is the concentration of the electroactive
species in solution. The Randles-Sevgik Equation applies only when the current is
diffusion controlled and hemispherical diffusion is unimportant. Under semi-infinite
diffusion conditions, in the absence of ohmic effects and slow electron transfer
processes the following conditions also hold in the cyclic voltammetric response,

AE :/\/\nV@ 25°C (24)
No=1 (25)
ipc
1.6.1.2 Electrochemistry of Surface Confined Species

When species adsorb on the electrode surface this leads to changes in the shape of the
cyclic voltammogram. This change in shape occurs because the electroactive species no
longer has to diffuse to the electrode surface. The adsorption energy of the oxidised and
reduced species are equal, Ep=Epc, and the cyclic voltammogram is symmetrical with
oxidation and reduction peaks coincident, as illustrated in Figure 34. The surface
concentrations of species involved in the faradaic process can be related to the current in
a cyclic voltammetry experiment. The following conditions hold under finite diffusion
control, this is a condition where the redox composition of the layer is in

thermodynamic equilibrium with the electrode potential, i.e. the Nernst condition.
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where n is the number of electrons transferred, F is Faradays constant (96485.4C), v is

the scan rate in Vs'l, A is the area of the electrode in cm'2, T is the surface coverage in
mol cm'2.

Figure 34. Cyclic voltammetric response for a reversible reaction of an adsorbed
species. The potential limits are +0.2 and -0.6 V and the formal potential is -0.1 V.
The scan rate is 5Vs'l
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1.6.2 Chronoamperometry

Chronoamperometry is a potential step technique, in which the potential of the working
electrode is changed rapidly from an initial potential Ei to a final potential E2. The
capacitive current associated with the charging of the electrode interface decays over a
time according to Equation (29).106

E/V

0 Time /s

Figure 35. Potential waveform for chronoamperometry. E] is the initial potential, E2

the final potential.

| AEN
ic(t) = exp (29)
ic(t) VRYy RC

The resistance, R and double layer capacitance, Cdi may be calculated from the above
equation where AE is the potential step amplitude. Ifthe potential is stepped in a region
where a surface bound species is electroactive a double exponential decay is observed.
The two current decays correspond to double layer charging and faradaic current flow.
The two processes are time resolved because the time required to charge the double
layer is much smaller than that for the faradaic reaction10 when microelcctrodes are

used.
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The rate constant for heterogeneous electron transfer may be calculated from Equation
(30)FB™

iFt) = kQexp(-kt) (30)

where Kk is the apparent rate constant, Q is the total charge passed in the reaction, n is the
number of electrons transferred, F is Faraday’s constant, and A is the electrode area.

1.7 Microelectrodes

Historically, our understanding of dynamics in electrochemical systems has been
limited by the lack of experimental tools with adequate sensitivity, range of timescale or
chemical sensitivity. Only at the end of the 1970s did Fleishmann and coworkers at the
University of Southhampton establish beyond question that diminishing the size has not
only quantitative effects, but also unusual qualitative effects.1® In 1981 Wightman
provided the  first comprehensive survey of the special properties of
ultramicroelectrodes (UMESs).X1 These discoveries have encouraged numerous research
groups to studythe properties and applications of UMEs in theory and practice. Hence,

further reports havebeen published by Pons and Fleichmann,110 Heinzel® and

Forster,111 dealing primarily with electrochemistry at these ultrasmall probes.

Ultramicroelectrodes may be defined as electrodes with a tip diameter smaller than or
equal to 20 fim The term nanode is used for electrodes with a diameter less than 1"m.
Steady improvements in the construction of UMEs have reduced their characteristic
dimensions. The construction of platinum and gold ultramicrodisk electrodes with radii
as small as 0.1 [ un has become routine in electrochemical laboratories and dimensions
in the angstrom range have been reported. These small voltammetric probes have
greatly extended the range of sample environments and experimental timescales that are
useful in electrochemical measurements. One focus of this thesis is the determination
of fast electron transfer rate constants, and the unique attributes which enable

microelectrodes to be used in this area are explained in more detail in section 1.7.2.

The ultrasmall size of these electrodes allows for their application in other areas of

science, especially in biology. Interest in this area arose in the 1940s and 1950s. Bond
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and Oldham112 refer to studies, which focused on the determination of oxygen
concentrations in living organisms for application in medical and biological research.
For such measurements, biologically inert platinum electrodes of micrometer size were
inserted in muscles and tissues of animals. The small size of the electrodes ensured
easy placement within a living cell and minimal damage due to the small currents
produced. The implementation of ultramicroelectrodes is necessary in such applications
as the cell membrane must seal around the electrode following implantation,
information concerning drug induced changes in the concentration of chemical
compounds in the mammalian brain can be obtained by using microvoltammetric

probes.

Work carried out by Adams and coworkers11314 in the 1970s involved the use of
microelectrodes to stimulate and monitor psychological processes.  Obviously
ultrasmall probes are necessary for these in-vivo measurements so that no harm comes
to the region of the brain where the measurements are being made; nerve terminals have
diameters as small as Ipm. These early studies have led to more developments in the
area. A number of recent publications115116117118119 are concerned solely with the
detection of a class of compounds referred to as neutotransmitters. Neurotransmitters
have a very important function in the brain since they are the key link to communication
between neurons. The ability to detect these species inside the brain but external to
neurons would provide a direct method of understanding this mode of chemical
communication. The ongoing interest in this area of research is not surprising when one
considers the advances it provides in medical care.  The detection of one
neurotransmitter, dopamine within the mammilian brain can provide quantitative
information about brain chemistry, Parkinsons disease and the action of anti-psychotic
drugs.11l The coupling of microelectrodes and fast scan cyclic voltammetry provide a
unigue means of detecting trace amounts of species in biological systems.
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1.7.1 Ultramicroelectrode Geometries

Microelectrodes have many different forms, some of which are illustrated as cross
sections in Figure 36. This diagram also illustrates the corresponding diffusion fields.
The most popular geometry is the microdisk and is employed in approximately 50% of
all investigations.111 This particular geometry shows considerable advantage over the
others displayed due to the ease of construction and the fact that the sensing surface can
be mechanically polished. A wide range of materials are used to construct electrodes,
the most popular of which are platinum, carbon fibers and gold, although mercury,

iridium, nickel, silver, and superconducting ceramics have also been used.

(a) (b) © @

I I (I 0 O
Figure 36. Microelectrode geometries and their associated diffusion fields, (a)

hemisphere, (b) disk, (c) ring and (d) band.
1.7.2 Electrochemistry at Ultramicroelectrodes

Electrochemistry at electrodes with microscopic dimensions constitutes one of the most
important frontiers in modem electrochemical scﬁence. o The advance In the
fabrication of microelectrodes provides some significant advantages in electrochemical
measurements. These are due to three primary characteristics; the mode of mass
transport of the electroactive species to the electrode surface, the reduced capacitance in
the electrochemical response, and significantly reduced ohmic drop effects. These three

characteristics will be explained in more detail in the following section.
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1.7.2.1 Mass Transport

In electrochemical systems three types of mass transport need to be considered, these
are diffusion, migration and convection. Migration is the movement of charged species
due to a potential gradient. In the experiments presented in this work conditions have
been chosen so that migration effects can be neglected. These conditions correspond to
the presence of a large quantity of supporting electrolyte (>0.1 M), which does not
interfere with the electrode reaction. The electrolyte transports all current in the cell
and also decreases the cell resistance. Diffusion is the movement of species from an
area of high to low concentration. For example, in the case of a reduction reaction
(O—R) at an electrode surface a depletion layer will form in which the concentrations
of O and R are a function of distance from the electrode surface. The concentration of
O will be lower at the surface than in the bulk solution, the opposite case will exist for
R. Hence, the oxidised species will diffuse towards the electrode surface and the

reduced species will diffuse away from the surface.

Shrinking the size of an electrode has a significant and measurable effect on the
diffusion process to the electrode surface. Steady state currents may be measured at
microelectrodes as the time taken to achieve a steady state depends on the square root of
the smallest dimension of an electrode.l2l Therefore, an ultra-small electrode is
required to reach a steady state response in a brief period of time. The timescale of an
experiment may be changed by varying the scan rate in cyclic voltammetry. The
consequences on the voltammetric response at different scan rates are outlined in this

section.
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> At low scan rates (long experimental timescales) the spherical character of the
electrode becomes important, and mass transport is dominated by radial or
spherical diffusion as seen in Figure 37(A). The efficient mass transport to the
electrode surface allows one to observe a steady state response, i.e., the
electrolysis rate is equal to the rate at which molecules diffuse to the electrode
surface, Figure 37(B). 1011112l The current response is described by Equation
(31) for a disk shaped electrode.

i) = 4nFDCr (31)
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Figure 37. (A) Radial diffusion at long experimental timescales with the associated
CV response, (B), the potential limits are +0.1 and -0.6 V and the scan rate is 0.1 Vs'l

The electroactive species is 5 mM [Ru(NHzs)s]3+containing 0.1 M KC1 as the supporting
electrolyte.
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n Gradually raising the scan rate causes a change to a semi-infinite planar
diffusion field, as seen in Figure 38(A). The CV response changes from the
sigmoidal response illustrated above to a classic CV response with potential
separated anodic and cathodic peaks, Figure 38(B). At these short experimental

timescales the current response is described by Equation (32).

ip=(2.69x10s)n32AD 1/ /2C (32)

(A) Planar Diffusion Field
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Figure 38. (A) Linear diffusion at short experimental timescales with the associated
CV response, (B), the potential limits are +0.2 and -0.6 V and the scan rate is 10 Vs'l
The initial potential is +0.2 V. The electroactive species is 5 mM [Ru(NH3)s]3+
containing 0.1 M KC1 as the supporting electrolyte.
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1.7.2.2 Double Layer Charging

When an electrode comes Into contact with an electrolytic solution, a double layer is
formed at the interface, in which the charge present on the metal electrode is
compensated for by a layer of oppositely charged ions in solution. This electrochemical
double layer behaves like a capacitor.1l When the applied potential is changed, a
current flows to change the double layer capacitance. The potential at the interface does
not attain the applied potential until this charging process is complete. Hence, it is
desirable to minimize both the magnitude of the charging current and the time it takes to
charge the double layer. The time constant for the charging process is given by
Equation (33):

RC= " - (33)

where COis the specific capacitance of an electrode, « is the conductivity of the solution

and r is the radius of a microdisk electrode.

The decreased times for charging current observed at microelectrodes are important
since this parameter determines the shortest time at which meaningful measurements of
faradaic current can be made.Xll The current required to change the double layer
capacitance, C, must flow through a resistance, R, corresponding to the total cell
resistance. The product RC represents the cell time constant, and it is only at times
longer than about 5 to 10 RC that useful analytical information is obtained. The small
double layer capacitance at ultramicroelectrodes facilitates rapid changes in the
electrode potential (fast response times), as seen in Figure 39. As the electrode radius
decreases from 25 to 1 pm, the cell time constant decreases linearly from approximately
2 psto 80 ns. The slope of the best-fit line is consistent with Equation (32), where the
double layer capacitance is about 40 pF cm'2 The intercept in this graph is
approximately 4.3 ns, indicating that the stray capacitance of these microelectrodes is
very small. Stray capacitance is explained in section 1.7.3 of this chapter, which details

the electrochemical responses observed at nanometer sized electrodes.
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Figure 39. Relationship between the RC cell time constant and the radius of platinum
microdisks where the supporting electrolyte is 0.1 M HCL Cell time constants were
measured using chronoamperometry conducted on a microsecond to submicrosecond

timescale by stepping the potential from 0.200 to 0.250 vs Ag/AgCI.

1.7.2.3 Ohmic Drop Effects

When charging and discharging currents flow through a solution, they generate a
potential that acts to weaken the applied potential by an amount iR, where i is the total
current and R is the cell resistance. As the radius of an electrode decreases the solution
resistance increases as described by Equation (34):

R=, (34)

where k is the conductivity of the solution and r is the radius of a microdisk electrode.
However, the faradaic currents observed at microelectrodes are typically 5-6 orders of
magnitude smaller than those observed at macroelectrodes. 11112 These small currents

lead to a significant decrease in ohmic drop effects. It is important to minimise iR drop
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as it can cause separation of the peak potentials and inaccurate results could be obtained

in evaluation of kinetic parameters. ***

A reduction in iR drop at ultramicroelectrodes allows one to perform amperometric
experiments in previously inaccessible samples such as non-polar solvents with
diminished amounts of electrolytic solutions. Bond et alil2#1%51%6 measured the same
diffusion limited currents with 50 pin disk electrodes for the oxidation of ferrocene in
electrolyte-free acetonitrile and in electrolytic solution. The only precondition for
experiments in non-polar solvents such as benzene and toluene is that the electrolytes
are soluble in these media and that they dissociate to some degree to provide an

acceptable level of conductivity in the solution.17
1.7.3 Microelectrode to Nanode Dimensions

As fabrication procedures become more advanced, electrodes with nanometer
dimensions and below are now available. When an electrode approaches molecular
dimensions, approximately 10-100A, the electrochemical properties change as the
diffuse layer becomes equal to or greater than the dimension of the electrode. Although
the theory in this area has not been investigated in great detail some characteristics of

the electrochemical properties are discussed here.

As the radius of an electrode is decreased to nanometer dimensions, as presented in
Chapter 6 of this work, the double layer capacitance no longer decreases but reaches a
limiting value. This is due to a number of problems associated with the sealing of such
small electrodes and also due to what is known as stray capacitance. Stray capacitance
arises from the leads and electrical connections and results in an increase in the cell RC

time constant as follows,

RC=4b (" ,C"+ClI"») (35)
where RC is the cell time constant, k is the conductivity of the solution, r is the radius of

the electrode, COis the specific double layer capacitance of an electrode and Cdray is the

stray capacitance. Depending on the quality of the electrode used and experimental
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setup, the stray capacitance is typically between a few pF and several tens of pF. = Ata
normal size electrode, this stray capacitance is negligible compared to the double layer
capacitance, and therefore, does not affect the observed cell time constant. However,
the magnitude of the double layer capacitance is reduced, typically by six orders of
magnitude by shrinking the size of the electrode. Hence, the stray and double layer
capacitances become comparable at nanometer-sized tips and an increased cell time
constant relative to that measured at a micrometer sized electrode results. This
increased cell time constant could cause faradaic responses to be obscured by
charging/discharging processes. Therefore, it is very important when fabricating
nanodes that the seal between the insulation and electrode material is good, thus
preventing any solution leakage. Methods used to determine the quality of the

microelectrode seal are discussed in Section 1.7.6.

AmatoreZ3 considered the effect of decreasing the electrode size to nanode dimensions
on the cell time constant and ohmic drop parameters. The predicted responses are
illustrated in Figure 40. As discussed above RC and iR are proportional to the electrode
radius at micrometer size electrodes, However, when the radius is of nanode dimension
edge effects and non-planar diffusion control the transport of molecules to the electrode
surface, with the result that the current becomes proportional to the radius of the
electrode rather than to its surface area. Under these conditions iR becomes
independent of the electrode dimension, i.e. decreasing the size further yields no further

improvement in the electrochemical response.
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Figure 40. Schematic representation of ohmic drop and cell time constant of an
electrochemical cell as a function of the radius of the working electrode. The various
zones may be defined as A, macroelectrodes, B, microelectrodes, C,

ultramicroelectrodes and D, nanoelectrodes or smaller. The scales are arbitary.

1.7.4 Microelectrode Fabrication Procedures

The manufacture and use of electrodes with characteristic dimensions in the
submicrometer to nanometer range is becoming more widespread and common. The
survey of literature presented here deals with procedures, which have been published for
the construction of platinum, iridium, carbon fiber, 11511910 and mercury
electrodes.13013L1R1B1A1D Since the early 1980s Pt'36,i37j35j39,i40,>4UA2,i43,i44,45 and
Pt-Iri6 microdisk electrodes are among the most popular due to the mechanical stability
of these electrodes. However, as outlined in a previous section, mercury electrodes
have a central role in developments in electroanalytical chemistry due to the

reproducibility of the mercury surface.

One of the more recent publications dealing with the fabrication and characterisation of
nanometer-sized platinum electrodes was made by Katemann and Schuhmann.1¥ The
pipette-wire assembly was placed in a Sutter P-2000 laser pipette puller which allowed
varying of five parameters; temperature of heating, the length of the segment heated,

delay time between turning the heat on and beginning of the pull, the velocity of the
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pull, and the strength of the pull. The instrument allows pipettes to be pulled to a fine
point in the nanometer length scale. The use of a microelectrode puller offers a few
significant advantages. First, it is quick and easy to fabricate electrodes. Secondly, it
allows for the construction of very small microelectrodes with smooth tapers. However
this technique also has a number of notable disadvantages. The wire is sealed in glass
after the pulling procedure and requires polishing to make a connection to a contacting
solution. The geometry of the microelectrode after polishing is unknown and can be
hard to evaluate. Methods by which this can be determined are scanning electron
microscopy and cyclic voltammetry measurements. These methods of characterisation
are discussed in more detail in the experimental results section presented in chapter 6 of

this work.

Other research groups which have implemented this procedure for the fabrication of
nanoelectrodes are Unwin et al.,1®Wong and Xu,12 Shao and Mirkin, 1 Lewis et al.,'43
Kim, Scarnlis and Ewing,115 and Wightman and Kelly.119 Wong and Xu reported a
success rate of 85% for the construction of carbon disk electrodes with total structural
diameters between 500 and 1000 nm using a horizontal micropipette puller. However,
the success rate dropped to lower than 70% when the structural diameters decreased to
between 500 and 100 nm. Pendley and Abrunal#4 make an interesting observation when
fabricating micron-sized platinum electrodes using the microelectrode puller technique.
They note that to ensure success in the electrode preparation it essential that the
platinum wire used is annealed and not hard-drawn. Hard drawn wire did not decrease
in diameter when pulled. They attribute this to the fact that the annealed platinum wire
is more ductile and can be drawn to much smaller diameters. This result contrasts with
the results presented by Katemann and Schuhmannl®% and the experimental work
presented in chapter 6 of this document. These results suggest that platinum wire of
different grades can be used in these experiments but it is imperative that all five pulling

parameters outlined previously are optimised to produce a nanometer-sized electrode.

Exposing the metal electrode once the pulling procedure has been executed may be
done by a number of methods. One way of doing this is electrochemical etching of the
wire. This is done by submerging the wire in an etching bath comprising for example
saturated sodium nitrateI®or 40 % hydrogen fluoride.1D Lewis et al. 146 used a solution
of 2 M NaOH and 6 M KCN. The hemispherical tip produced from this method was
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observed to be smooth to the limiting resolution of the scanning electron microscope
(SEM). This indicates that the metal undergoes an effective electro-polishing process
during etching. For this reason further polishing of the electrode surface was not
necessary. The etching procedure has a number of significant features: (1) no
mechanical pretreatment, i.e., polishing of the ultramicroelectrode is not required
because the etched metal surface is microscopically smooth and (2) the metal insulator
seals of the electrodes are reproducible. However a possible disadvantage of this design
is the fact that the metal surface of the ultramicroelectrodes cannot be renewed or

polished.

Another method of exposing the metal wire is micropolishing. This procedure can be
carried out using a BV-10 micropipette beveller available from Sutter. The tip of the
microelectrode is lowered using the control of a micromanipulatorl19 until it is just
above the surface of the polishing material, using diamond or alumina particles. The
size of the prepared tip increases with the length of polishing. Only a fraction of a
complete turn of the polishing wheel is required to produce a nanometer-sized electrode.
Once polished the tip of the electrode should be smooth and free from cracks. This
procedure is similar to the one used by Katemann and Schuhmann to polish nanometer
sized platinum tips. A custom built polishing machine was developed by these
researchers, which consisted of a cylindrical brass holder, the motor from a rotating disk
electrode and a computer hard disk as the polishing wheel, Figure 41. For polishing the
electrode is placed in a soft silicon tube and secured in the brass holder using a screw.
The brass holder is then rotated using an elastic band and slowly lowered down onto the
surface of the polishing plate using manual micropositioning elements. The polishing
process determines the size of the electrode produced and so it has to be done very

carefully.
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Figure 41. Schematic presentation of the set-up for nanoelectrode polishing, (A) the
nanode is rotated on a polishing plate in a water-alumina suspension, and (B) rotation of

the fragile electrode tip as the electrode approaches the polishing surface.

1.74.1 Mercury Microelectrodes

The development of mercury microelectrodes has been the subject of numerous
papers1013L1P 133137 1D over the past 15 years. Mercury microelectrodes are usually
prepared by electrodeposition of mercury on metal substrates. A support material for
mercury films should be easily wetted by mercury, but on the other hand its solubility in
mercury should be very low. It is practically impossible to combine these two features.
Films deposited on supports of platinum, silver, gold or iridium exhibit a reasonably
uniform surface due to good wetting, but solubility of these metals in mercury is
significant. 113315

In a number of reports’ "’ "**" platinum microdisk electrodes serve as the substrate for
mercury deposition. The electrodes were prepared by sealing a wire of micron radius in
a glass capillary of 1 mm diameter or less.13)1% Carbon fiber electrodes were prepared

in a similar manner.133134 Electrodes were polished before use in each experiment. The
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initial step in the deposition of a metallic phase onto a substrate involves the formation
of nuclei of critical size from subcritical clusters of adatoms in a process referred to as
nucleation. Following nucleation, the growth of the nuclei is potential driven. The
drops coalesce to finally give a hemispherical mercury drop. In order to investigate the
quality of the deposition process, Daniele et al.1 performed experiments at different
deposition potentials. Cyclic voltammetric experiments were controlled by a PAR 175
function generator, and a Keithley 428 picoammeter was used to measure the current.
The aim of this was to attain complete coverage of the electrode surface with the
smallest amount of mercury deposited in the shortest time. They concluded that the
mercury electrodes formed on a platinum substrate were more stable if the deposition of
mercury was carried out -0.4 V from 1 M Hcios with 10-50 mM Hg22+ If the
deposition potential was more negative than -0.5 V, strong hydrogen evolution could be
seen, which increases as the acidity of the solution increases. Then hydrogen bubbles of
size comparable with the electrode itself blocked the surface and further mercury
deposition was inhibited. At potentials less that -0.4 V the mercury deposition was
slow, increasing significantly the time required for total coverage of the surface.

Although it has been demonstrated that mercury can be relatively easily deposited on a
platinum surface, the problem of mercury and platinum interdiffusion, especially at
longer times remains. Despite this, it should be noted that a very small mercury
electrode opens the possibility to study fundamental problems in electrochemistry, for
which only mercury electrodes are suited and also broadens and strengthens practical
analytical applications.12 An obvious application of microelectrode tips is in scanning
tunneling microscopy (STM) and scanning electrochemical microscopy (SECM).147148
These techniques require small geometrically well-defined tips fabricated from
chemically inert conductors to obtain images of high resolution.

1.7.5 Shapes of Ultramicroelectrodes

The voltammetric response of an ultramicroelectrode does not provide sufficient
information about the geometry of a microelectrode. Shao and MirkinX)present several
different electrode shapes that can result from different preparation procedures. A
perfect microdisk UME (Figure 42A) is very unlikely to be produced when the radius, is

less than 2 pm. It is more likely that an irregularly shaped planar electrode (Figure
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42B) will result. A tip with a conductor protruding from the insulating sheath (Figure
42C) may be shaped as a spherical cone. Convex UMEs require thorough
characterisation and should be used cautiously. If the tip is recessed into the glass
insulator (Figure 42D,E) its voltammetric behaviour depends on the relation between
the radius of the conducting cone and that of the aperture in the insulating sheath.
When the opening in the glass is significantly larger than the surface area of the metal
exposed to solution (Figure 42D), the UME behaviour may not be very different from
that of the regular inlaid electrode. In contrast, Figure 42E represents the most
dangerous “lagooned” geometry, i.e., an electrode with the metal recessed into the
solution filled microcavity inside the glass insulator. Such an electrode can mimic the
behaviour of a much smaller UME, and the measured apparent rate constant may be
orders of magnitude higher than the true value. A leaky UME (Figure 42F) can be
easily identified from the relatively high double-layer charging current, ic. The ratio of
the icto the steady-state diffusion-limiting current is proportional to the sweep rate, v.
For a well-sealed sub-micrometer-sized UME, this ratio should be small even at sweep

rates of the order of several volts per second.

A

metal wire

Figure 42. Different shapes of ultramicroelectrodes (A) a perfect microdisk, (B) an
irregularly shaped disk-type planar UME, (C) a convex UME with metal protruding
from the glass sheath, (D) a recessed electrode, (E) a lagooned electrode, (F) a leaky
UME.
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1.7.6 Characterisation of Ultramicroelectrodes

Ultramicroelectrodes may be characterized by a number of techniques to determine the
geometry and size of the fabricated tip. The most common techniques used are cyclic
voltammetry and scanning electron microscopy (SEM). The mass-transport-controlled
limiting current, inm measured from the plateau of the sigmoidal steady-state
voltammogram can be related to the effective electrochemical radius of the exposed

metal in a disk electrode by Equation (36):

is= 4nFDCr (36)

where D and C are the diffusion coefficient and concentration of the electroactive
species present in solution, n is the number of electrons transferred per redox event, F is
the Faraday’s constant, and r is the radius of the exposed section of the tip. Penner,
Heben and Lewis® have used this method to determine the radius of Pt-Ir
ultramicroelectrodes with radii of 0.5-10jj.m. They subsequently compared the radii
obtained from voltammetry measurements with those measured from SEM images and
observed good correlation between both results. For example, the radius a polymer-
coated electrode determined from the limiting current in cyclic voltammetry was 6 jun.

This compared to a value of 8.2 jam when the radius was estimated from an SEM image.

Scanning electron microscopy (SEM) is an imaging technique, which enables one to
look at microfabricated tips to measure the radius and obtain an estimate of the
geometry of the tip. Ifthe tip is of micron dimension it is also possible to determine the
quality of the seal between the metal wire and the insulating material. Improper sealing
of the microelectrode tip causes the faradaic current to be obscured by the capacitive
current.  Caruana and Bannister¥l note that the main factors affecting the
reproducibility of the seal between the wire and insulator are the cleanliness of the wire

used and the method of sealing employed.

Wightman and Kelly119 have fabricated bevelled carbon fiber electrodes. The active
area of the microelectrode, defined by the surface area of the exposed carbon fiber as
seen from the SEM image in Figure 43 is elliptical rather than disk shaped. This
geometry provides a major advantage because an increase in the working electrode area

80



is obtained that is confined virtually to the same space as a regular disk electrode.
However, the increased surface area allows for the measurement of very low
concentrations, due to the large voltammetric currents observed. Using this electrode
current in the picoamp range may be measured. Figure 43 also gives an approximation
of the integrity of the seal between the epoxy, glass and carbon fiber. The radius of the

electrode displayed is approximately 10 [am.

20 ftm

Figure 43. Electron micrographs of ultramicroelectrodes bevelled using 1 (Jmdiamond
polish: (A) electrode of approximately 10 fun tip radius with the extent and angle of
bevel shown; (B) enlargement showing detail of the seal between the carbon fiber (at

centre), epoxy, and the glass capillary.

SEMs of ultrasmall structures, i.e., tip diameters of about 1 |am or less are nondescript,
as high-resolution imaging is no longer possible.115 Thus, it is impossible to detect the
quality of a nanode by this technique and this has also been found when characterising
the nanodes in chapter 6 of this work.  Fabrication defects such as a very narrow gap
(<0.1 fim) between the glass and the metal, a tiny crack or a glass bubble are negligible
in the case of a 10 mm electrode, but it becomes more important as the diameter of the
electrode decreases.1l3) When the microprobe is of nanometer dimensions, such a gap
can cause very severe distortions in the voltammetric response.10 Hence, the only
quantitative way of detecting such a gap is the observation of large capacitive current

responses in voltammetry, as illustrated in Figure 44 below.
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Figure 44. Cyclic voltammograms at 100 mV s'lat a 10 nm gold disk electrode in 5
|XM aqueous TMAFc+and 1 mM NaNC>s, (A) before thermal treatment and (B) after

thermal treatment to seal the nanoelectrode tip.

1.8 Conclusions

This introductory chapter has given an insight into how an electroactive species can
adsorb onto an electrode surface, the literature relating to anthraquinone molecules has
been the main focus as these molecules form the basis of the experimental work in the
remaining chapters of this report. The principal theories detailing heterogeneous
electron transfer processes, the Butler-Volmer and Marcus theories have also been
reviewed. Literature relating to the theory of proton coupled electron transfer are
introduced to demonstrate the theoretical and experimental work carried out in this area

to date.

This chapter also outlined the electrochemical techniques important to this work and
explained some of the information, which can be extracted from cyclic voltammetry and
chronoamperometry data. Spectroscopic techniques and some surface probe
microscopy techniques are introduced also to highlight how these techniques have been

used to characterise monomolecular films.
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Finally the properties of microelectrodes have been discussed to show how
microelectrodes can be implemented in electrochemical measurements and other areas
of research. The small dimensions of these electrodes leads to properties, which are not
exhibited by inacroelectrodes and so more information can be accessed using these
microprobes. However, as the dimensions of electrodes extend into the nanometer
range the properties change again and this has an interesting consequence on the
measurements, which are feasible with these electrodes. This has been reviewed briefly

here and will be discussed further in the experimental chapters.
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Chapter 2

Characterisation of Anthraquinones



“Spoon feeding in the long run teaches you nothing but the shape of the spoon.”

- E.M. Forster



2. Introduction

Chapter 1 of this report gives a general overview of a number of adsorbed monolayer
systems including alkanethiols, osmium and ruthenium complexes and anthraquinones,
as well as an explanation of some of the techniques used to characterise these films.
However, the experimental work that follows in Chapters 3 to 5 of this work deals only
with anthraquinone species, hence some background information to the origin and use
of these molecules will be discussed here. Anthraquinones belong to a group of
compounds known as quinones, other variations are benzoquinones, naphthoquinones
and polycyclic quinones."  Natural anthraquinones are distinguished by a large
structural variety, wide range of biological activity and low toxicity.2 Anthraquinone
derivatives have been found in wild and cultured higher plants,3mosses, lichens, fungi,4
as well as in sea animals and algae.2 Anthraquinone, also called 9,10-anthraquinone is
prepared commercially by oxidation of anthracene or condensation of benzene and
phthalic anhydride, followed by dehydration of the condensation product. The three
fused rings of anthraquinone make it a potential building block in supramolecular
chemistry that has a planar span between the 2- and 6- positions of approximately 10
A.5 It has two carbonyl groups directly opposite each other and it is reducible by 1- or
2-electron transfer to the radical anion or to the dianion respectively.

2H+ + 2e-

Scheme 1. Anthraquinone (oxidised form), left and hydroquinone (reduced form),

right.

Anthraquinones have been used extensively in recent years in medicine, and are one of
the most important classes of potential anti-cancer agents. Zogotto et al.6carried out an
extensive study using an aminofunctionalised 9,10-anthraquinone, which is now
licensed for clinical use in a number of countries against breast cancer and acute
leukemias. Similar studies carried out by Ali et al.7and Perchellet et al.8 have focused
on the anti-tumor activities of anthraquinone derivatives, which are capable of
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preventing leukemic cells from growing. The extent of research published in recent
years points to the importance of these complexes in anti-cancer laboratories throughout
the world.91011"1213141516 Earlier work carried out by Clark et al.1I7 and Sydiskis et al.18
shows that [,8-dihydroxy-3-methylanthraquinone, which is extracted from the
medicinal plant Dianella longifolia can be used for the treatment of the influenza virus.
Traditionally, the fleshy roots of this plant have been used by Aboriginal people in
southern Australia for the treatment of colds. Semple et al.9also published a report on
the anthraquinone abstract of D. longifolia, which is now used as an antipoliovirus
component. Zembower et al.2) have studied a large series of variously substituted
anthraquinones to investigate the inhibitory capacity against human leukocyte elastase
(HLE) and cathepsin G (Cat G), two proteinases implicated in diseases characterised by
the abnormal degradation of connective tissue such as pulmonary emphysema and

rheumatoid arthritis.

Besides medical applications, anthraquinones have found applications as diverse as
dyes, pigments and as a chemical means for plant protection. The recognition of
carbons tetravalency and the structure for benzene proposed by the German chemist
Friedrich August Kekule, led to the structural elucidation of aromatic compounds and
the development of the dyestuffs industry. The first example was the elucidation of the
structure of alizarin by Graebe and Liebermann in 1868.14 Alizarin is derived from the
madder plant and is red in colour. The anthraquinoid colourants form the basis of many
of the synthetic dyes and after the azo class form the second most important group of
organic colourants listed in the Colour Index today. Sulphonated anthraquinones
provide a group of bright, fast dyes for wool, while unsulphonated analogues are
disperse dyes for synthetic fibres.T2Z BASF Aktiengesellschaft, the leading
manufacturer of vat dyes was founded in 1865. Its headquarters are in Ludwigshafen
am Rhein, Germany, and this is where the anthraquinones used for the experimental

work were obtained.

Finally, anthraquinone has been recognised for its effectiveness as a pesticide. It serves
as a non-toxic seed treatment, which can be used to repell birds from crops.”<"s"¢°3%
Anthraquinone was patented as a bird repellant on rice seed in the 1940s and was

evaluated as a possible blackbird feeding deterrent on rice seed in the 1950s.8 The
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extent of recent investigations in this area confirms the utility of anthraquinones in this

type of research also, however a review of these papers will not be considered here.
2.1 Characterisation of Anthraquinones

The parent anthraquinone, 9,10-anthraquinone was obtained from BDH Chemicals Ltd.
Poole England and the anthraquinone derivatives implemented in this work; 1-amino, 2-
sulphonic, 4-hydroxyanthraquinone (1,2,4-AQASH) and 1,5-dimethoxyanthraquinone
(1,5-DMAQ) were obtained from BASF (Ludwigshafen, Germany). The purity of these
compounds was analysed by a number of techniques, namely High Performance Liquid
Chromotography (HPLC), UV-Visible Spectroscopy (UV-Vis), Nuclear Magnetic
Resonance Spectroscopy (NMR), Raman Spectroscopy (Raman) and Infrared
Spectroscopy (IR). Solution phase spectra of the three anthraquinones were run to
confirm the purity of the complexes. The expected redox reactions of the two
anthraquinone derivatives in low pH solution are displayed in Schemes 2 and 3 below.

2H+ + 2e-

Scheme 2. Redox reaction of 1-amino, 2-sulphonic, 4-hydroxyanthraquinone in low

pH solution.

2H+  + 2

Scheme 3. Redox reaction of 1,5-dimethoxyanthraquinone in low pH solution.
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2.1.1 HPLC

HPLC was carried out using a Varian Prostar Model 230 HPLC pump equipped with a
20 |al injection loop. The column stationary phase was a partisil P10 SCX 3092 radical
PAK cation exchange cartridge. A Varian Prostar photodiode array detector, interfaced
with a personal computer with Varian Star Hichrom Cation Exchange software, Version
53 was used for detection and readout. A mobile phase of 80:20 (v/v)
acetonitrile:water made up in 0.08 M LiCICx was used, which yielded optimum
separation of the anthraquinone derivatives investigated. The HPLC chromotograms for
1,2,4-AQASH and 1,5-DMAQ are presented in Figure 1L The two anthraquinones are
neutral species under the analysis conditions and exhibit single peaks at 2.36 and 2.28
minutes for 1,2,4-AQASH and 1,5-DMAQ, respectively. These elution times compare
well with previous characterfsatfan studies of analogous anthraqui?mnes.zgm 'ﬂwe HPLC
chromotograms run over a 10 minute period showed no other significant peaks, hence

confirming the purity of these complexes.

(A)

10
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(B)

§S §

Figure 1. HPLC chromotograms of (A) 1,2,4-AQASH and (B) 1,5-DMAQ. The flow
rate is 1.8 ml/min and the mobile phase is 80:20 Acetonitrile:Water, 0.08M LiCio4.

2.1.2 UV-Visible Spectroscopy

UV-Vis spectra were obtained using a Shimadzu UV-3100 diode array spectrometer
interfaced with a personal computer. Quartz cells of 1 cm path length were used, as
these do not absorb in the UV region (200-380nm).3L The solvent used to run the UV-
Vis spectra of the anthraquinones was spectroscopic grade acetonitrile. This solvent
was chosen as it is transparent throughout the region investigated and dissolves a
sufficient quantity of the sample to give well-defined peaks. The spectra were obtained
at minimum slit width, 2 nm, to ensure maximum detail in the spectra.”> The mam
strong bands observed in Figure 2 are in the UV region below 300 nm, which

correspond to n-n* transitions in the molecules.
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Figure 2. UV-Visible spectra of 1,24-AQASH (—) and 1,5-DMAQ (—) in

spectroscopic grade acetonitrile.
2.1.3 NMR Spectroscopy

Figure 3 represents the 'HNMR spectrum for (A) 1,2,4-AQASH and (B) 1,5-DMAQ at
room temperature. The spectra were run using a Bruker 400 MHz NMR spectrometer.

Integration of spectrum (A) gives a total of 5 protons, two triplets, two doublets and one
singlet. The singlet at 7.55 ppm represents the proton in position 3. The protons in
positions 5 and 8 are seen as doublets and appear further downfield due to the effect of
the carbonyl atoms, which reside beside them in positions 9 and 10. The triplets at 7.85
and 7.89 ppm are due to the protons in positions 6 and 7.

Integration of spectrum (B) gives a total of 6 protons, one triplet, two doublets and one
singlet. The singlet at 3.93 ppm corresponds to the proton in position 5. The doublets
further downfield are due to the protons in positions 6 and 8. The triplet at 7.70 ppm

represents the proton in position 7.

96



(A)

Ne-d L
/S5t ol
8.3 8.2 8.1 8.0 7.8 1,1 i
—J L
c 4i+ - HQ
0 Oo it Ul 15 O
tfi r-t- U »t» ifi Ul
| »
_r_ .—l—
7.5 t.a 6.5 >0 hO

Figure 3. IH NMR of (A) 1,2,4-AQASH and (B) 1,5-DMAQ in d-DMSO
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2.1.4 Raman Spectroscopy

Raman spectroscopy was conducted on a Dilor.Jobinyvon.Spex Labram. To obtain the
solution Raman spectrum of 9,10-anthraquinone a 100 |iM solution was made up in 1 M
HCIOs. In these experiments a 140 mW Argon ion laser (514.5nm), attenuated to 70 mW
was used for excitation. The beam was focused through a purpose made electrochemical
cell on the anthraquinone solution using a 10x objective lens. A spectral resolution of 1.5
cmr1 per pixel was achieved using a grating of 1800 lines/mm. Focusing was confirmed

by using a CCD camera in imaging mode.

A Raman spectrum of the solution was run without applying a potential, i.e., the
anthraquinone is in the oxidized form, Q. Bulk electrolysis of the solution was then
carried out to convert the solution to the hydroquinone form, HXQ and a spectrum was
recorded. Both spectra are overlayed in Figure 4 for comparison. The spectra have been
interpreted with reference to previous studies dealing with Raman spectra of
anthraquinone derivatives m>»>E> and peaks have been assigned as shown in Table
2 below. Comparison ofthe solution spectra with those of the anthraquinone adsorbed on

a mercury electrode surface will be presented in Chapter 3.
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Figure 4. Raman spectra for a 100 (iMsolution of 9,10-AQ made up in 1.0 M HCIOa4.
(M represents data for the oxidized, Q, form and ( ) represents data for the reduced,

H2Q, form. In both cases an Ar+laser (514.5 nm) was used for excitation.



Table 2. Assignment of Raman spectra peaks illustrated in Figure 4 above.

Frequency
220.7
405.5
622.9
662.5
865.5
889.5
932.6
1002.3
1027.5
1107.4
1150.8
1183.3
1418.8
1439.7
1600.6

1646.1

Assignment/ Q

Ring Deformation
Ring Deformation

CH Bend

Peak due to solvent
Ring Breathing
Ring Breathing

CH Bend

CH Bend

CH Bend
Ring Stretching
Ring Stretching
Ring Stretching

C=0 Stretch

100

Frequency
362.5
403.2
637.1
661.8

863.2

931.9

1103.4

1413.3

1437.2

Assignment/H2Q

CH Bend

Peak due to solvent

CH Bend

Ring Stretching

Ring Stretching



2.1.5 IR Spectroscopy

In IR spectroscopy the anthraquinone samples are exposed to IR light and the bonds
within the molecules vibrate at characteristic frequencies. The infrared spectrum is
formed as a consequence of the absorption of electromagnetic radiation at frequencies
that correlate to the vibration of specific sets of chemical bonds from within a molecule.
The IR spectra for 9,10-AQ, 1,2,4-AQASH and 1,5-DMAQ are illustrated in Figure 5. A
1:100 mixture of each anthraquinone :KBr was prepared and this mixture was pressed into
the thin disk under high pressure. The disk was then placed in the Perkin EImer 2000 FT-
IR and spectra were recorded. The peaks observed in the IR spectra have been assigned

and are summarised in Table 3 below.

3600 3100 2600 2100 1600 1100 600

Frequency

Figure 5. IR spectra of (5 9,10-AQ, (— 1,2,4-AQASH and ( ) 1,5-DMAQ.
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Table 3. Assignment of IR spectra peaks illustrated in Figure 5 above.

Frequency

3400
1676

1578

1331

1282

1169

935

808

692

Assignment

9,10-AQ

O-H stretch
C=0 Stretch

C=C aromatic
stretch

C-C skeletal
vibrations

C-C skeletal
vibrations

C-C skeletal
vibrations

C-C skeletal
vibrations

C=C-H bend

Ring in & out
of plane
bending

Frequency Assignment

3430

3401

1608

1576

1523

1410

1226

1193, 1066,

1023, 897

790

725,669

Frequency
1,2,4-AQASH
N-H stretch
O-H stretch 3399
C=0 Stretch 1662
C=C aromatic 1587
stretch
C-C skeletal 1463, 1482
vibrations
C-C skeletal 1329, 1267,
vibrations 1260
C-N stretch 1069
C-C skeletal 974
vibrations
C=C-H bhend 807,768
Ring in & out 712
of plane
bending
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Assignment

1,5-DMAQ

O-H stretch
C=0 Stretch

C=C aromatic
stretch

C-C skeletal
vibrations

C-C skeletal
vibrations

C-C skeletal
vibrations

C-C skeletal
vibrations

C=C-H bend

Ring in & out
of plane
bending



2.1.6 Solution Phase Electrochemistry

Solution phase cyclic voltammograms of the three anthraquinones used in the
experimental chapters are illustrated in Figures 6-8. Cyclic voltammetry was performed
using a CH Instruments Model 600A Electrochemical Workstation and a conventional
three electrode cell. Potentials were measured against a potassium chloride saturated
silver/silver chloride (Ag/AgCI) reference electrode with a platinum wire used as the
auxiliary electrode. All anthraquinone solutions were deoxygenated by purging with
nitrogen gas, and a blanket of nitrogen was maintained over the solution during
measurements. The solution phase cyclic voltammograms of 9,10-AQ and 1,2,4-AQASH
show the presence of a spike near the formal potentials of the electroactive species. This
may be due to interactions between anthraquinone molecules. Similar voltammetric
behaviour consisting of sharp spikes is seen when the anthraquinone species are adsorbed
on a mercury surface and this has been attributed to hydrogen bonding interactions.so A
detailed investigation of the electrochemical properties of 9,10-AQ and 1,2,4-AQASH
monolayers is presented in Chapter 4 of this work.

Potential / V

Figure 6. Solution phase cyclic voltammogram of a 3 mM solution 0f 9,10-AQ dissolved
in IM Hclo.. The scan rate is 0.05 Vst and the scan was initiated at the negative

potential limit, cathodic currents are up and anodic currents are down.
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O

Potential 1 V

Figure 7. Solution phase cyclic voltammogram of a 5 mM solution of 1,2,4-AQASH
dissolved in 1M HCIOs. The scan rate is 0.05 Vs'1 and the scan was initiated at the

negative potential limit, cathodic currents are up and anodic currents are down.

|”'A

0

Potential 1 V

Figure s. Solution phase cyclic voltammogram of a 5 mM solution of 1,5-DMAQ
dissolved in 1M Hclo.. The scan rate is 0.1 Vs and the scan was initiated at the
negative potential limit, cathodic currents are up and cathodic currents are down.
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2.2 Conclusions

This chapter introduced the anthraquinones used throughout the experimental work of this
thesis, as well as giving a general overview of the application of anthraquinone
derivatives in different areas of research. The purity of the anthraquinone molecules,
9,10-AQ, 1,24-AQASH and 1,5-DMAQ was confirmed by using HPLC, UV-Vis,
'H NMR, Raman and IR spectroscopy. The solution phase redox properties of the
molecules were determined using electrochemistry.
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Chapter 3

Impact of Hydrogen Bonding on the Redox Properties of

Anthraquinone Monolayers



“I hear and | forget. 1 see and I remember. 1do and I understand.”

Confucius



3. Introduction

The review of electrode materials modified with various monolayers in Chapter 1
highlights the importance of this work in electrochemical research over the last 15 to 20
years. Much of the work has focused on alkanethiolsi234 as well as osmium and
ruthenium polypyridyl complexes56789 however the electrochemical properties of
anthraquinone derivativesio,1112,13,14,15 have also been studied. Quinonoid monolayers
are important model systems because of their unusually ideal electrochemical responses
in low pH solution. In this chapter, the electrochemical properties of l-amino, 2-
sulphonic, 4-hydroxyanthraquinone, 1,2,4-AQASH, are studied in detail.  This
anthraquinone derivative adsorbs spontaneously onto the surface of a mercury electrode.
This system reveals an interesting electrochemical response, in that when the surface
coverage approaches saturation a spike appears in the anodic branch of the cyclic
voltammogram. This occurs when the bulk concentration of 1,2,4-AQASH in solution

is 1.5 fiMor greater.

The electrochemical response of 9,10-anthraquinone, 9,10-AQ, is investigated in this
chapter also to compare its electrochemistry with that of 1,2,4-AQASH. Spiked CVs
are also recorded for 9,10-AQ when scanning in both the positive and negative potential
directions, i.e., starting the voltammetric scan when the adsorbate is in the reduced, H2Q
and oxidized, Q, forms. Similar cyclic voltammetry behaviour has been reported by
McDcrmott and coworkers,is6 Anson and coworkers,17 and Faulkner and coworkers, 1
when studying the electrochemistry of 2,6-anthraquinonedisulphonate, 2,6-AQDS. This
molecule adsorbs on the electrode surface in a parallel orientation, as determined from
calculations carried out by Soriaga and coworkers,19 which are detailed in Chapter 1 of
this thesis. The spiked voltammetric response from 2,6-AQDS has been attributed to
hydrogen bonding interactions between adsorbed AQ molecules, when the intersite
separation between adsorbates decreases sufficiently to allow for such interactions.
However, a detailed explanation of how the spike is formed in the course of the
voltammetric scan has not been provided in these publications. This issue will be

discussed in section 3.2.7 ofthis chapter.

The results presented in this chapter probe the concentration dependent cyclic
voltammetric response of 1,2,4-AQASH and 9,10-AQ. The experimental data is fit to
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the Langmuir and Frumkin adsorption isotherms to probe the presence and extent of
interaction between adsorbates. Raman spectroscopy measurements are presented to
determine the orientation of 9,10-AQ and 1,2,4-AQASH on mercury.

3.1 Experimental

Cyclic voltammetry was performed using a CH instruments Model 660 electrochemical
workstation, a PAR EG&G Model 270 hanging mercury dropping electrode and a
conventional three-electrode cell. Potentials were measured against a potassium
chloride saturated silver/silver chloride (Ag/AgCl) reference electrode. A large area
platinum wire was used as the auxiliary electrode. For temperature dependent
experiments a Julabo F10-HC refrigerated circulating bath, thermostated within + 0.2°C
was used. All solutions containing 1,2,4-AQASH were thoroughly deoxygenated by
purging with nitrogen which was maintained over the solution during all measurements.
The area of the mercury electrode was determined using the density of pure mercury
(13.546 g cm"’) by dispensing, collecting, and weighing 100 drops of mercury.g) An
electrochemical area of 0.0140 + 0.0007 cm2 was obtained. This area was also
confirmed by recording cyclic voltammograms under steady state and linear diffusion

conditions using [Ru(NH3)e]2+as a solution phase probe.

Raman spectroscopy was conducted on a Dilor.Jobinyvon.Spex Labram by Dr. Keyes in
Dublin Institute of Technology. The exciting 140 mW argon ion laser (514.5 nm),
attenuated to 70 mW was focused through a purpose made electrochemical cell onto
either the solution or the mercury electrode surface using a 10x objective lens. The
beam diameter when focused is approximately 3 jam producing approximately 10s W
cm'2 at the sample. Focusing was confirmed by using a CCD camera in imaging mode.
A spectral resolution of 1.5 cm1 per pixel was achieved using a grating of 1800

lines/mm.
3.1.1 Materials and Procedures

The parent anthraquinone, 9,10-anthraquinone was obtained from BDH Chemicals Ltd.
Poole England.  The anthraquinone derivative, l-amino-2-sulphonic-4-hydroxy-
anthraquinone (1,2,4-AQASH) was obtained from BASF. Both anthraquinones were
characterized as outlined in Chapter 2 to confirm their purity. Deposition solutions
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were prepared using and Milli-Q purified water and unless otherwise stated, the
supporting electrolyte was 1.0 M HCI04. Spontaneously adsorbed monolayers were
formed by allowing the anthraquinone at (jM concentrations to adsorb onto the mercury
electrode surface from electrolytic solutions. At high concentration, dense monolayers
were typically formed within a few tens of milliseconds. At concentrations where sub-
monolayer coverage was attained, repetitive cyclic voltammetry was performed until the
peak current became independent of time. Transferring the modified surfaces into blank
electrolyte caused the monolayer to rapidly desorb, i.e., adsorption is reversible in these
systems. Therefore, all experiments were performed with micromolar concentrations of

the anthraquinones in solution.

3.2 Results and Discussion

3.2.1 General Electrochemical Properties

Figure 1shows the cyclic voltammetric response for a mercury electrode immersed in a
0.5 p.M solution of 9,10-AQ and 1,2,4-AQASH. The supporting electrolyte is 1.0 M
HCIO4. Both CVs were recorded within the potential limits +0.2 and -0.65 V, with
both scans initiated at the positive potential limit. When a molecule is adsorbed on an
electrode surface and there are no lateral interactions between adsorbates, the cathodic
and anodic peak potentials should be the same. From Figure 1a AEPof 17+2 mV and
a full width at half maximum (FWHM) 0f53.3 + 3 mV and 63 + 8 mV are observed for
the cathodic and anodic branches of 1,2,4-AQASH, respectively. The peak-to-peak
splitting in the cyclic voltammogram of 9,10-AQ is 9 + 0.7 mV and the FWHM s 55.4
+ 2 mV for both cathodic and anodic branches. If the redox reactioninvolves the
transfer of two electrons a FWHM of 45.3 mV is expected. X
The values calculated for the peak separation and FWHM, while somewhatlargerthan
the theoretical values, are within experimental error to those expected and suggest that
the redox reaction involves the transfer of two electrons and two protons in low pH
solution2r  The redox reactions for 9,10-AQ and 1,2,4-AQASH are depicted in
Scheme 1



(A) (B)

Potential/V Potential/V

Figure 1. Cyclic voltammograms for a hanging mercury drop electrode (Area = 0.014
cm2 immersed in (A) a 0.5 pM solution of 9,10-AQ and, (B) a 0.5 pM solution of
1,2,4-AQASH. The supporting electrolyte is aqueous 1.0 M HCIO4 and the scan rate is
5 Vs'L The potential scan was started at the positive potential limit in both cases.

Cathodic currents are up and anodic currents are down.

Scheme 1. Redox reaction of 9,10-AQ and 1,2,4-AQASH in low pH solution.

2H+ + 2e-
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The surface coverage of the anthraquinones on the electrode surface can be calculated
from the area under the voltammetric peaks after correction for the background charging

current using Equation (l).2

where Q is the total charge required to reduce or oxidise the electroactive species, n is
the number of electrons transferred, F is Faraday's constant and A is the area of the
electrode. The surface coverages of 9,10-AQ and 1,2,4-AQASH have been calculated
as 3.04 £ 0.06 x 10™ and 4.55 £ 0.15 x 10™ mol cm2 respectively. Section 3.2.4 will
investigate the effect of increasing the concentration of the anthraquinone in solution on
the adsorbed CV response. Also, the effect of scanning in both positive and negative
potential directions is investigated. The CV data is fit to a number of adsorption
isotherms to determine the structure of the monolayers, and the extent of interaction
between adsorbates in dense monolayers.

3.2.2 Scan Rate Dependence

The cyclic voltammograms presented in Figure 1 was recorded at a scan rate of 5 Vs"1
Cyclic voltammograms were run at a number of different scan rates to probe the effect it
would have on the electrochemical response. The voltammetric responses observed for
both 9,10-AQ and 1,2,4-AQASH are consistent with that expected for a redox active
species adsorbed on an electrode surface. The peak shapes are independent of scan rate,
and the peak current scales linearly with scan rate, at least up to 50 Vs'L The non-ideal
peak-to-peak separation, which increases as the scan rate is increased may be attributed
to iR drop as these CVs were attained using a macroelectrode. The results shown in
Figure 2 are for a monolayer of 1,2,4-AQASH, the same trend is observed in the scan
rate dependent CVs of 9,10-AQ. This scan rate dependent behaviour contrasts with the
diffusive tails and vi2 dependence of the peak current expected for a freely diffusing

species.24
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Figure 2. Cyclic voltammograms for a mercury electrode immersed in a 1 [J.M solution
of 1,2,4-AQASH with 1.0 M HCIOxs as the supporting electrolyte. Scan rates are 50
(4, 40 (4, 30 (9, 20 (4 and 10 (& Vs'l Cathodic currents are up and anodic

currents are down. The initial potential is-0.65 V.

As the sweep rate is increased in cyclic voltammetry, the time scale of the experiment
becomes smaller so that eventually redox equilibrium is not reached at the electrode
surface and Kinetic effects begin to appear. When the time constants of the
voltammetric experiments and electron transfer are comparable, it is expected thatthe
rate of electron transfer across the metal/film interface will influence the voltammetric
response. However, it can be seen from Figure 3 that the experimental ip values
increase linearly with increasing scan rate, thereby indicating that over this range, (5-50
Vs')), the experimental timescale is longer than that for electron transfer. In chapter 5,
the sweep rates in cyclic voltammetry are increased to a few thousand volts per second.
At these scan rates the rate of electron transfer becomes comparable to the timescale of

the experiment. These cyclic voltammograms are fit to a number of electron transfer
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models based on the Butler Volmer and Marcus theories of electron transfer to elucidate

values for the heterogeneous electron transfer rate of 1,2,4-AQASH.

Figure 3. Scan rate dependence of the cyclic voltammetric peak current measured for
1,2,4-AQASH at scan rates of 5-50 Vs'L The concentration of 1,2,4-AQASH in
solution is 1 ]iM with 1 M HCl10. as the supporting electrolyte. Cathodic currents are

up and anodic currents are down.
3.2.3 Raman Spectroscopy

Surface enhanced raman spectroscopy was used in this work to probe the orientation
of 1,2,4-AQASH and 9,10-AQ on the mercury electrode surface. Figure 4 shows
Raman spectra for 1,2,4-AQASH both as a monolayer on a mercury surface at an
open circuit potential (+0.10+0.05 V), and a solution spectrum. The bulk
concentration of 1,2,4-AQASH in solution is 100 pM, which is sufficiently high to
form a dense monolayer. Given that the Anax of 1,2,4-AQASH is 526 nm an Ar+
laser at 514.5 nm was used for excitation. It is evident that the spectrum for the
monolayer is significantly different from that recorded for solution phase 1,2,4-
AQASH. This difference is probably due to the fact that the adsorbed species
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interacts with the surface altering the symmetry of the molecule, and hence the
vibrational selection rules of the system. At the open circuit potential the
monolayer is oxidised and a band at 1607 cm'1 corresponding to the C=0 stretching
is observed.2s  Upon adsorption, this band shifts to higher energy by approximately

30 cm'], indicating a stretching and strengthening of the C=0 band.

Another feature of the spectrum of the solution species is the strong aromatic ring
breathing mode at 1004 cm'l which decreases in intensity in the monolayer
spectrum. The ratio of the intensity of the ring breathing mode relative to the C=0
stretch is approximately 1.2 for the adsorbed spectrum, in comparison to
approximately 7.7 for the solution phase spectrum. This ratio has been observed
previously by Weaver and coworkers2z when analysing the Surface Enhanced
Raman Spectra of benzonitrile and toluene adsorbed on gold. In Weaver’s study the
sensisivity of certain vibrational modes, specifically C-H vibrations and out-of-
plane and in-plane ring modes are analysed to determine adsorbate orientation. In
the spectra of benzonitrile the intensity of the ring modes exhibit the same
frequencies in the solution and adsorbed spectra. This would suggest that the
aromatic ring does not interact strongly with the electrode surface and is consistent
with benzonitrile adopting a tilted orientation. In contrast, the intensity of the ring
modes is reduced in the adsorbed spectrum of toluene relative to the solution phase
spectrum. Therefore, Weaver concluded that toluene adopts a flat orienetation. For
the adsorption of 1,2,4-AQASH, the observation that the ring breathing mode is
supressed relative to the C=0 stretch suggests that the quinone is adsorbed coplanar
to the electrode surface. This result however contrasts with Taniguchi’szs work,
which deals with the adsorption of 1-anthraquinonylbutylsulflde, 1-AQS, and 2-
anthraquinonylbutylsulfide, 2-AQS, to silver and gold electrode surfaces. These
adsorbates appear to be adsorbed perpendicular to the electrode surface, on the basis
of a comparison of the relative intensities of the ring breathing modes to the C=0
stretching mode. No study has been found in the literature which investigates the
adsorption of an anthraquinone derivative molecule on mercury, therefore a direct
comparison between the experimental results presented in this chapter and
published work could not be made. However, it appears that the orientation of a
molecule depends on a number of factors including the surface coverage of the
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adsorbate on the electrode surface, the electrode material used and the surface

roughness.

1000
800
600
400

200

200 450 700 950 1200 1450 1700

Wavenum ber /cm'l

Figure 4. Resonance Raman spectrum for 1,2,4-AQASH where the bulk
concentration is 100 pM (—), and for an adorbed monolayer on a mercury electrode
surface at an open circuit potential (—). In both cases an Ar+ laser at a wavelength
of 514.5 nm was used for excitation. Solutions were made up in Milli-Q purified

water with IM HC10. as the supporting electrolyte.

The solution and surface enhanced raman spectra of 9,10-AQ are illustrated in
Figure 5. The principal difference in the solution and adsorbed Raman spectra is
the presence of a band at 1000 cmr1 in the solution spectrum. This band, which is
due to aromatic ring breathing is not visible in the adsorbed spectrum. The
supression of this peak in the adsorbed spectrum leads to the conclusion that 9,10-
AQ adsorbates are adsorbed parallel to the electrode surface, as illustrated in

Scheme 2.
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Figure 5. Resonance Raman spectrum for 9,10-AQ where the bulk concentration is
100 fiM (—), and for an adsorbed monolayer on a mercury electrode surface at an
open circuit potential (—). In both cases an Ar+laser at a wavelength of 514.5 nm

was used for excitation.

Scheme 2. (A) Molecular Structure of the planar 9,10-AQ molecule, and, (B) an

illustration of the parallel orientation adopted by the molecule on a mercury surface.

(A)

(B)
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3.2.4 Concentration Dependence

An increase in the bulk concentration of the anthraquinones in solution causes the
surface coverage to increase. Figure s illustrates the voltammetric responses as the bulk
concentration of 1,2,4-AQASH is varied from 0.1 to 5.0 (xM Cyclic voltammograms
are run in a negative potential direction from +0.18 to -0.65 V. The surface coverage
increases from approximately 0.14 + 0.10 to 1.60 £ 0.05 x 1010 mol cm=2 over this
concentration range. As the surface coverage increases there is a dramatic change in the
voltammetric peak shapes and the cathodic and anodic peaks shift in a negative
potential direction. The anodic branch of the voltammogram becomes distorted at high
coverages with a spike being observed for surface coverages greater than about 1.2 X

10'10 mol cm'2.

E/V

Figure 6. Dependence of the cyclic voltammetric response on the bulk concentration of
1,24-AQASH.  The supporting electrolyte is aqueous 1 M HCIOs and the
anthraquinone concentrations are 5 (—, 1.5 (5, 1 (4 and 0.1 &M ( ). The initial
potential is 0.180 V and the scan rate is 5 Vs'1l Cathodic currents are up and anodic

currents are down.
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It is possible that the voltammetric spike arises because electron and proton transfer are
coupled in this system. For example, oxidation will trigger ejection of protons
decreasing the interfacial pH. However, a decrease in the interfacial pH will cause EQ
to shift in a positive potential directioni and a current spike would not be expected.
Moreover, the dynamics of proton transfer are unlikely to be responsible for the current
spike. Under these low pH conditions, a layer less than 5 nm thick will be capable of
providing the protons required during the two-electron, two-proton reduction of the
monolayer to the doubly protonated hydroquinone, H2Q. Under linear diffusion
conditions this ultrasmall volume could be depleted of protons within nanoseconds, i.e.,
many orders of magnitude faster than the timescale on which the current spike is

observed.

By looking at the surface coverage dependence of the cathodic and anodic peak
potentials in Figure 7 we see that up to a surface coverage of approximately 1.2 x 1010
mol cm'2, the peak potentials are insensitive to the surface coverage. At surface
coverages greater than 1.2 X 10"10 mol cmr2 a spike appears in the anodic branch of the
cyclic voltammogram, making an accurate measurement of Ep more difficult.
However, it is evident from the plot in Figure 7 that the anodic peak potential shifts in a
positive potential direction at higher surface coverages. This is explained later through
capacitive data, which reveals that 1,2,4-AQASH has a higher tendency to adsorb to the
electrode surface in its reduced state. It is also evident from Figure 7 that the cathodic
peak potential shifts to more negative potentials when the surface coverage exceeds
approximately 1.2 x 1010 mol cm'2. Given that the formal potential of 1,2,4-AQASH is
not dependent on the surface coverage at low surface coverages leads to the conclusion
that the film exists as a random array of adsorbates on the electrode surface, rather that
dense islands interspersed with regions of unmodified electrode. At higher surface
coverages the cathodic and anodic peak potentials shift, consistent with interactions

between adsorbates on the surface.
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Figure 7. Dependence of the anodic (¢) and cathodic (a) peak potentials on the surface
coverage of 1,2,4-AQASH. The monolayers were formed from the oxidised, quinone
form of the compound at +0.18 V. The supporting electrolyte is 1.0 M HCIOa4.

The concentration dependent response for 1,2,4-AQASH provides an unusual and
interesting result in that the direction of the potential scan has a significant effect on the
CV response. When scanning in a positive potential direction, i.e., initiating the scan at
a potential 0f-0.65 V, when the anthraquinone is in the reduced, H2Q form, no spike is
present in the cathodic or anodic branches of the cyclic voltammogram. An overlay of
the concentration dependent CVs up to a concentration of 5 pM is illustrated in Figure
8. The 5 fiM solution yields a surface coverage of 1.2 x 1010 mol cm'2 giving an
intersite separation of approximately 4.4 A. It was found that current spikes are
observed for monolayers assembled from the hydroquinone form only for bulk
concentrations in excess of 20 pM. It is possible that the anthraquinone molecules
undergo repulsive interactions at low surface coverages and hydrogen bond when the
surface coverage approaches saturation. The concentration dependent CV data is fit to
the Langmuir and Frumkin adsorption isotherms in the following section of this chapter
to model the thermodynamics of adsorption. This will allow a determination of the

extent of interaction between adsorbates at different surface coverages.
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Figure 8. Dependence of the cyclic voltammetric response on the bulk concentration of
1.2.4-AQASH. The supporting electrolyte is 1 M HCIO4 and the anthraquinone
concentrations are 5 (4, 3 (3, 1 (3, and 0.1 pM (. The initial potential is -0.65 V
and the scan rate is 5 Vs'1 for all CVs. Cathodic currents are up and anodic currents are

down.

The concentration dependent CV response of 9,10-AQ has similarities with that of
1.2.4-AQASH outlined above. Cyclic voltammograms were run using deposition
solutions in the concentration range 0.1 to 4 pM. The surface coverage increases from
451 + 0.57 x 102to 1.15 + 0.01 x 10"l) mol cm'2 over this concentration range. In
these experiments the CVs were run in both positive and negative potential direction. In
deposition solutions where the bulk concentration is 0.85 |[jM and above a spike appears
in the anodic branch of the cyclic voltammogram. This solution concentration yields a
surface coverage of 8.74 x 10'11 mol cm'2 The spike is seen to increase in intensity as
the concentration of 9,10-AQ is increased. The full width at half maximum (FWHM) is
55.4 £ 2 mV in the CVs recorded from an anthraquinone solution of concentration 0.5
pM. This value is larger than the ideal value for the peak separation at half height of
45.3 mV for the CV response of a monolayer where there is no interaction between
adsorbates. The FWHM decreases significantly in CVs obtained from a 4 pM 9,10-AQ
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solution. The FWHM is 25.1 mV for the cathodic branch and 15.0 mV for the anodic
branch. This change in peak shape as the surface coverage increases indicates that there
is considerable attractive interaction between adsorbates at high surface coverages.”> A
detailed discussion of the origin of the spike in cyclic voltammograms is presented in

section 3.2.7 of this chapter, based primarily on adsorption isotherm data.

Potential/VV

Figure 9. Dependence of the cyclic voltammetric response on the bulk concentration of
9,10-AQ. The supporting electrolyte is aqueous 1 M HCIO4 and the anthraquinone
concentrations are 4 (—, 1(—), 0.85 (5 and 0.5 fiM (—. The initial potential is-0.5 V
and the scan rate is 5 Vs'1for all CVs. Cathodic currents are up and anodic currents are

down.

Current spikes have been reported previously by a number of research groups including
McDermott and coworkers, 16 Zhang and Anson17 and Faulkner and coworkers.18 These
studies centered on the electrochemistry, spectroscopy and scanning probe microscopy
investigations of sulphonated anthraquinone derivatives. The anthraquinones were
adsorbed on mercury and graphite electrodes. All research groups propose that the
spike is due to changes within the adsorbed monolayer through hydrogen bonding
interactions as the surface coverage increases. Faulkner suggests the possibility of
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condensation from a gas-like collection of isolated adsorbed species to a liquid or solid
hydrogen bonded network. These publications propose that the spike is due to
hydrogen bonding between adsorbates, however none of the papers describe why they
come to this conclusion. A proposal as to why a hydrogen-bonded network would

cause a “spike” to appear in a cyclic voltammogram is presented later in this chapter.

Given the structure of 9,10-AQ and 1,2,4-AQASH these molecules ought to be capable
of both intra- and intermolecular hydrogen bonding. Therefore, these molecules are
attractive model systems for investigating the distance dependence of hydrogen bonding
in 2-dimensions, as the surface coverage can be systematically varied by controlling the
bulk concentration of 9,10-AQ and 1,2,4-AQASH in solution.

3.2.5 Adsorption Thermodynamics

The equilibrium surface coverage depends on the bulk concentration of the
anthraginone in solution. To obtain the adsorption isotherms for 9,10-AQ and 1,2,4-
AQASH the surface coverages at equilibrium were determined for each solution
concentration by integrating the background corrected CVs. Surface coverages were
determined using Equation (1), as outlined earlier in the text. The adsorption isotherms
used to fit the experimental data throughout this chapter are the Langmuir and Frumkin
isotherms. A more detailed description of these isotherms was presented in section
1.4.2.1 of Chapter 1 The primary difference between these isotherms is the ability of
the Frumkin isotherm to probe the presence and extent of interactions between

anthraquinone moieties when adsorbed on mercury.
3.25.1 Langmuir Isotherm

The Langmuir isotherm describes equilibrium adsorption where there are no lateral
interactions between the adsorbed molecules and the limiting surface coverage is
determined by the size of the adsorbate. 131424 It is assumed that adsorption takes place
only at specific localised sites on the surface and that the saturation coverage
corresponds to complete occupancy of these sites. It is also assumed that the maximum
amount of adsorption is monolayer coverage. The Langmuir adsorption isotherm is

described by the following expression:
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n = J3iCi (2)
(r.-ro

where Pi and Q are the adsorption coefficient and the solution phase concentration of
species I, respectively. Y*is the surface excess of an adsorbed species i, and r s is the

surface excess of species i at saturation. Equation (2) can be linearised to :

—=— , 3
Yiy P )

A plot of 9 versus C, is presented for all adsorption isotherms presented in this
ri

section and may be seen as insets in each respective isotherm plot. The saturation
surface coverage and the energy parameter, (3, which describes the strength of
adsorption are obtained from the slope and intercept respectively. The free energy of

adsorption values, AGas may be calculated from Equation (4):
-AGas=RT Ln (3 4

It is expected thatthe Langmuir isotherm will provide an inadequate fit to the
experimental data, as the cyclic voltammetry results already presented indicate that both
anthraquinones interact laterally when adsorbed on the electrode surface. The first set
of data to be modelled was the concentration dependent response for 1,2,4-AQASH
when scanning in a negative potential direction, i.e. theCV’s where a spike was
observed. This was followed by the concentration dependent data for 1,2,4-AQASH
when scanning in a positive potential direction, and finally by the data for 9,10-AQ,
again where a spike was observed in the CV’s. The same sets of experimental data will

be fit to the Frumkin adsorption isotherm in the following section of this chapter.

When scanning between potential limits of +0.18 and -0.65 V, i.e. scanning in a
negative potential direction, the optimised fits to the Langmuir isotherm are displayed
in Figures 10 and 11. In these cyclic voltammograms six sweep segments were
typically enough to attain an equilibrium response. When plotting an adsorption
isotherm the charge under the anodic and cathodic peaks is usually averaged, as these

charges are equal in a symmetric CV response. However, as evident from Figure 6 the
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areas under the cathodic and anodic peaks are different due to the presence of the spike
from a concentration of 1.5 jiM upwards. As a result the areas of the two peaks were
measured separately and surface coverages determined. Two adsorption isotherms
were plotted for the data obtained when scanning in the negative direction, i.e., starting

at +0.18 V. At this potential the anthraquinone is in the oxidised, quinone form.

[1,2,4-AQASH] IM

Figure 10. Dependence of the surface coverage on the bulk concentration of 1,2,4-
AQASH. Surface coverages were determined from cathodic voltammetric peaks. The
supporting electrolyte is 1M HCIO4. The data points are experimental results and the
solid line represents the best fit of the experimental data to the Langmuir adsorption
isotherm. The inset shows the optimum fit of the data to the linearised form of the
Langmuir isotherm. Where error bars are not visible the error is comparable to the size

of the symbol.
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[1,2,4-AQASH] IM

Figure 11. Dependence of the surface coverage on the bulk concentration of 1,2,4-
AQASH. Surface coverages were determined from anodic voltammetric peaks. The
supporting electrolyte is 1 M Hc104. The data points are experimental results and the
solid line represents the best fit of the experimental data to the Langmuir adsorption
isotherm. The inset shows the optimum fit of the data to the linearised form of the
Langmuir isotherm. Where error bars are not visible the error is comparable to the size

of the symbol.

In fitting the experimental data points to the Langmuir isotherm the data was first
linearised, as displayed in the insets in Figures 10 and 11. Values for the saturation
surface coverage and adsorption coefficient were obtained from the slope and intercept
of this line, respectively. This data was then inputted into Equation (1) to calculate the
theoretical surface coverages, according to the Langmuir isotherm. By looking at the
graphs in Figure 10 and 11, it is evident that the experimental data deviates
considerably from the ideal Langmuir response once the concentration of 1,2,4-AQASH
in solution is above 1.5 f-IM This result is consistent with the CV data, which shows a
current spike at concentrations above 1.5 j-iM, and would suggest the onset of

interactions between adsorbates at a concentration of 1.5 jiM. If this theory is correct
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the Frumkin isotherm should approximate the experimental data accurately, as this
isotherm contains an interaction parameter, thus modelling interaction between

adsorbates.

When scanning in a positive potential direction, i.e. initiating the scan at a potential of
-0.65 V the optimised fit to the Langmuir isotherm is displayed in Figure 12. It is
evident from this Figure that the Langmuir isotherm provides an inadequate fit to the
experimental data. This would imply that there is some interaction between adsorbates
on the surface. These interactions could take the form of repulsive forces between
adsorbates. This is supported by the CV data presented earlier, where the full width at
half maximum was larger than the ideal value of 45.3 mV for a two electron transfer
mechanism. This will be investigated further by fitting the data to the Frumkin
isotherm, a positive interaction would be expected if repulsive interactions are present.
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Figure 12. Dependence of the surface coverage on the bulk concentration of 1,2,4-
AQASH. Surface coverages were determined from an average of cathodic and anodic
peak currents. The supporting electrolyte is 1 M HCIO4. The data points are
experimental results and the solid line represents the best fit of the experimental data to
the Langmuir adsorption isotherm. The inset shows the optimum fit of the data to the
linearised form of the Langmuir isotherm. Where error bars are not visible the error is

comparable to the size of the symbol.
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To briefly compare the thermodynamics of 9,10-AQ with that of 1,2,4-AQASH the
concentration dependent data for 9,10-AQ was fit to the Langmuir isotherm. However
the Langmuir isothem may provide an inadequate fit to the experimental data, as the
cyclic voltammetry suggests there is interaction between adsorbates at surface
coverages approaching saturation. Figure 13 confirms this theory, the theoretical
linearised Langmuir isotherm provides a non-linear fit, which results in inaccurate
results for r &t and 3 When these variables are substituted into Equation (3) the
theoretical Langmuir data points are totally different from the experimental points. The

Frumkin isotherm should provide a better fit to the experimental data.

[AQ] l|xM

Figure 13. Dependence of the surface coverage on the bulk concentration of 9,10-AQ.
Surface coverages were determined from an average of anodic and cathodic
voltammetric peaks. The supporting electrolyte is 1 M HCIO4. The data points are
experimental results and the solid line represents the best fit of the experimental data to
the Langmuir adsorption isotherm. The inset shows the optimum fit of the data to the

linearised form of the Langmuir isotherm.
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3.2.5.2 Frumkin Isotherm

The Frumkin adsorption isotherm accounts for lateral interactions by modelling the free
energy of adsorption as an exponential function of the surface coverage:242930

PC; =17sexp(gei) ©

where 0; = T; / r s&, Tj is the saturation coverage of the anthraqumone m mol cm' at a
bulk concentration C,, rst is the saturation coverage obtained at high bulk
concentrations and P the adsorption coefficient. The Frumkin isotherm differs from the
Langmuir isotherm by containing an interaction parameter, g, which allows for
coverage dependent adsorbate-adsorbate interactions. It is assumed that the
electrochemical free energy of adsorption is linearly related to the surface coverage.

Attractive interactions are indicated by g<0 and repulsive interactions when g>0.

[1,2,4-AQASH]/pM

Figure 14. Dependence of the surface coverage on the bulk concentration of the
quinone (* and < denote the areas under the anodic and cathodic peaks, respectively).
The supporting electrolyte is 1.0 M HCIO4. The dashed line represents the best fit to

the Frumkin adsorption isotherm.
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Figure 14 illustrates the dependence of the surface coverage, T on the bulk
concentration of 1,2,4-AQASH when monolayers were formed by scanning the
potential in a negative direction. The Frumkin isotherm provides a significantly better
fit to the experimental data than the Langmuir isotherm. The Frumkin model calculates
the concentration of 1,2,4-AQASH and these values correlate well with experimental
bulk concentrations in solution (R2=0.99), Figure 15. The experimental data obtained
when scanning in apositive potential direction was fit to the Frumkin isotherm also. In
this way a limited insight into the effect of changing the redox state of the adsorbate on
the thermodynamics of adsorption can be obtained. This isotherm fit is displayed in

Figure 16.

Scom @y Cgro

Experimental Cone./ HM

Figure 15. Correlation between the experimental concentrations of 1,2,4-AQASH and

the optimized values predicted by the Frumkin adsorption isotherm.
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Figure 16. Dependence of the surface coverage on the bulk concentration of 1,2,4-
AQASH. The supporting electrolyte is 1.0 M HCIO4. The symbols represent
experimental data points. The dashed line represents the best fit to the Frumkin
adsorption isotherm.  The inset shows the correlation between the experimental
concentrations and the optimum concentration values calculated using the theoretical
Frumkin isotherm. Where errors bars are not visible, errors determined from at least

three independently formed monolayers are comparable to the size of the symbols.

Table 1 contains the best-fit parameters calculated from the Frumkin isotherm, when
scanning in negative and positive potential directions, i.e. when monolayers are formed
from the oxidised, Q and reduced, H2Q forms. The interaction parameter when
scanning negative is -0.29 + 0.05, indicating attractive stabilizing lateral interactions2,.3
between adsorbates on the electrode surface. This stabilisation most likely involves
hydrogen bonding between the carbonyl and hydroxy functionalities present in the
oxidised and reduced forms of 1,24-AQASH. The interaction parameter when
scanning positive is +1.20 = 0.22, which implies that repulsive interactions exist
between adsorbates on the surface. This is reasonable if the CV data that was presented

earlier is considered. When monolayers were formed when scanning in a positive
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potential direction the surface coverage was below 1.2 x 10'10molcm’2 The FWHM of
these CVs was larger than that expected for an ideal system, thus implying repulsive
interactions between adsorbates. Therefore, for surface coverages up to 1.2 x 10 10'10
mol cm'i repulsive interactions exist between adsorbates, above this coverage as
saturation is approached, the available area on the surface decreases and adsorbates
interact laterally through attractive hydrogen bonding interactions.

The free energies of adsorption were calculated from the values of the adsorption
coefficients as before using Equation (4). The values were -34.8 £ 0.21 and -32.1 £1.6
kJ mol'1for monolayers assembled from quinone and hydroquinone forms, respectively.
These values indicate that both reduced and oxidised adsorbates are strongly bound to
the electrode surface but monolayers formed using the quinone form are relatively more
stable. In the following section of this chapter the potential dependent adsorption
thermodynamics is probed. Experimental data at positive and negative potentials is fit
to the Langmuir isotherm. This analysis will allow a determination of the origin of
interactions in monolayers of 1,2,4-AQASH, i.e. in fully reduced monolayers, fully
oxidised monolayers, or in monolayers where reduced and oxidised molecules are both

present on the mercury surface.

Table 1. Saturation coverages, Adsorption Coefficients and Frumkin Interaction
Parameters for 1,2,4-AQASH Monolayers assembled from both Oxidized, Q and
Reduced, H2Q, Species.

Quinone Hydroguinone
10 Or / mol cm'2 1.94+0.13 1.42+0.1
P/ M 1.27+0.1 IxlO6 0.34+0.05x106
AG/ kimoll -34.8+0.8 -32.1+1.6
g -0.29+0.05 +1.20+0.22
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When the concentration dependent surface coverage for 9,10-AQ was fit to the Frumkin
isotherm a good fit resulted, as illustrated in Figure 17 below. The charge under the
cathodic and anodic peaks has been averaged, as both voltammetric branches were
spiked at high surface coverages; this was displayed in Figure 9. A value for the
equilibrium surface coverage at each concentration was determined using this charge.
The experimental concentration values were accurately reproduced by the values
obtained from the Frumkin isotherm. This result can be seen in the inset of Figure 17.
The correlation coefficient of the graph is 0.9963. From this analysis it is reasonable to
say that the Frumkin isotherm provides an accurate estimation of the saturation surface
coverage, adsorption coefficient and most importantly interaction parameter for 9,10-
AQ monolayers. Table 2 outlines these optimized parameters. The interaction
parameter for these monolayers is negative, -2.67 + 0.12, indicating that there is
attractive interactions between adsorbates on the electrode surface. Lateral hydrogen
bonding interactions between adsorbed moieties, similar to those predicted for
monolayers of 1,2,4-AQASH would account for these attractive forces. A schematic
illustrating a possible hydrogen bonded network for 9,10-AQ and 1,2,4-AQASH is
illustrated in Scheme 4 in section 3.2.7 of this chapter. The interaction parameter for
9,10-AQ is significantly greater than that calculated for 1,2,4-AQASH monolayers,
suggesting that the strength of attractive interactions in these monomolecular films is
quite large. Table 2 also contains a value for the free energy of adsorption, which in
this case is negative, indicating that 9,10-AQ molecules are adsorbed strongly on the

mercury electrode surface.
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Figure 17. Dependence of the surface coverage on the bulk concentration of 9,10-AQ.
The supporting electrolyte is 1.0 M HCIO4. The symbols represent experimental data
points. The dashed line represents the best fit to the Frumkin adsorption isotherm. The
inset shows the correlation between the experimental concentrations and the optimum
concentration values calculatedusing the theoreticalFrumkin isotherm. Where error
bars are not visible, errorsdetermined from atleast threeindependentlyformed

monolayers are comparable to the size of the symbols.

Table 2. Saturation coverage, Adsorption Coefficient and Frumkin Interaction
Parameter for 9,10-AQ Monolayers.

9,10-AQ
10 10r / mol cm2 1.17+0.11
P/IVT1 0.33+0.07x106
AG / kJ mol'1 -30.9+1.4
g -2.67+0.12
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3.2.6 Potential Dependent Adsorption Thermodynamics

Determining the relationship between the surface coverage and double layer capacitance
at potentials where the monolayer is fully oxidized and reduced allows the dependence
of the adsorption thermodynamics on the oxidation state of the monolayer to be
investigated. This method of analyzing the cyclic voltammetric data has a significant
advantage over the methods presented thus far. In plotting the adsorption isotherms in
section 3.2.5 of this chapter the measurements were taken at the formal potential, E°,
where there exists approximately 50:50% ratio of oxidized and reduced species. The
capacitance data, which were fit to the Langmuir isotherm in this section were measured
at potentials where the monolayer was in the fully oxidized and reduced forms.
Therefore, it is possible to determine the origin of the interactions in monomolecular
films of 1,2,4-AQASH, i.e., from fully reduced, H2Q layers, fully oxidized, Q layers, or
at the formal potential where there is an equilibrium between oxidized and reduced

species.

Figure 18 illustrates how the interfacial capacitance, as measured at + 0.1 and - 0.4 V,
change as the bulk concentration of 1,2,4-AQASH is systematically varied from 0.1 to 5
jl-M, where the supporting electrolyte was 1.0 M HCIO4. This change in capacitance is
expected as the formation of a monolayer involves displacing adsorbed ions and solvent
molecules from the interface, which would change the double layer capacitance from
that observed at a clean, unmodified interface.z Figure 18 shows that the double layer
capacitance changed from 36.9 + 0.7 .F cm2 for a clean mercury surface to a limiting
value of 23.6 £ 0.5 |xF cm' in the case of oxidised monolayers and 19.7 £ 0.5 (iF cm'
for reduced monolayers. The bulk concentration of 1,2,4-AQASH in solution was 5
JiM.  The dependence of the interfacial capacitance on the surface coverage can be
described using a parallel plate capacitor model originally proposed by Delahey and
coworkers.at  For this model, the total double layer capacitance, c<ji is given by
Equation (6):

Cd —Cnuo+ (Care—Crrag) (1-9) (6)

where Clae and Croo are the double layer capacitances of a clean and modified

electrode respectively and O is the fractional monolayer coverage. This equation holds
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for all potentials where Chae is greater than Cnon. The parallel capacitor model predicts

that the linearised Langmuir isotherm can be expressed as:

(Coae Cdi) cnoo  Croli

where C, is the bulk concentration of 1,2,4-AQASH in solution. Hence, the interfacial
capacitance corresponding to a dense monolayer on the electrode surface, together with
the adsorption coefficient can be determined from the slope and intercept of a plot of
Ci/(Chare-Cdi) vs. Q. The inset of Figure 18 shows such a plot, constructed using
capacitance data at - 0.4 and + 0.1 V, potentials where the film is fully reduced and
oxidized. A good correlation results for both redox forms, indicating that the parallel
capacitor model is an appropriate description of the adsorption in this system. That the
dependence of the interfacial capacitance on the bulk concentration can be accurately
modeled using the Langmuir isotherm indicates that lateral interactions are weak in

fully oxidised and reduced films irrespective of the surface coverage.
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[1,2,4-AQASH] / nM

Figure 18. Dependence of the double layer capacitance on the bulk concentration of
the quinone (¢) and hydroquinone (a) forms of 1,2,4-AQASH monolayers formed on
hanging mercury electrodes. The interfacial capacitance was determined using scan rate
dependent cyclic voltammetry at potentials of +0.180 and -0.400 V. The supporting
electrolyte is 1.0 M HCIO4. The inset shows the best-fit linearized Langmuir isotherm.

Fitting the experimental data according to Equation (7) allowed the interfacial
capacitance corresponding to the saturation surface coverage of 1,2,4-AQASH to be
determined at potentials where the species was oxidized and reduced. Table 2 illustrates
the results; Cnoowas determined to be 18.9 £ 0.9 pF cm'2 for the reduced state, which
compares well with a value of 19.7 £+ 0.5 pF cm'2 obtained from cyclic voltammetry
where the bulk concentration of 1,2,4-AQASH was 5 pM suggesting that a dense
monolayer is formed when the bulk concentration is 5 pM. However, Cnoo calculated
for the oxidised state was 15.0 £ 11 pF cm'2 which was considerably lower than the
value from cyclic voltammetry, i.e., 23.6 = 0.5 pF cm'2 Since a dense monolayer is
associated with a lower interfacial capacitance,2#4this data suggests that an incomplete
oxidized monolayer is formed at 5 pM, i.e. the AGalOx < AGakRed. This result is
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consistent with capacitance data reported by Forster2 investigating the concentration
dependence of the interfacial capacitance of 2-AQCA monolayers in oxidized and
reduced states. Forster’s analysis showed that Cnoowas constant at 17 fiF cm' when
the monolayer was in the reduced form but increases to 25 fjF cm' when the monolayer
was in the oxidized form. Therefore the packing density was higher in fully reduced
monolayers of 2-AQCA, similar to the results observed for 1,2,4-AQASH in this work.

Table 3.  Limiting Interfacial Capacitances and Adsorption Coefficients for
1,2,4-AQASH Monolayers assembled from both Oxidized, Q and Reduced, H2Q,

Species.

Quinone Hydroquinone
Omono / MFcm 15.0+£0.9 18.6+1.1
p/M 0.77£0.07x106  1.53+0.1 IxIO6
AG / kJ mol"1 -33.610.3 -35.310.2

A significant advantage of using capacitance data to probe monolayer formation is that
adsorption coefficients can be determined for both oxidation states. The values
obtained for the Q and H2Q forms were 0.77 + 0.07 x 106 and 153 + 0.11 M']
respectively, indicating that the reduced form of 1,2,4-AQASH adsorbes relatively more
strongly to the electrode surface. The difference in surface coverage and adsorption
strength for oxidized and reduced monolayers of 1,2,4-AQASH may be due to the
structural difference of these two molecules. The free energy of adsorption was
calculated from Equation (4). This value changed from -33.6 + 0.3 kJ mol'1when the
monolayer was oxidized to -35.3 £ 0.2 kJ mol'], when the monolayer was in the reduced
form. The free energy of adsorption calculated for 2-AQCA was -26.0 kJ mol"1 and
-42.8 kJ mol'], for oxidised and reduced monolayers, respectively. These values show
that monolayers of 1,2,4-AQASH are stable on the electrode surface in both oxidized

and reduced states.
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3.2.7 Origin of the Current Spike

Much of the electrochemistry discussed in this chapter is dominated by the appearance
of a sharp spike in the anodic branch of the cyclic voltammogram of 1,2,4-AQASH,
when scanning in a negative potential direction. These monomolecular films are
formed from the oxidized, quinone form. Spikes are also seen in anodic and cathodic
branches of CVs of 9,10-AQ, when the bulk concentration of the anthraquinone in
solution is 1|oMor greater. The spike in adsorbed monolayers of 1,2,4-AQASH occurs
at surface coverages approaching saturation and above, where the supporting electrolyte
is LOMHCIOa.

Here an analysis of the 1,2,4-AQASH adsorption data is carried out to determine the
separation between adsorbed molecules on the surface as the solution concentration is
increased. A possible mechanism, which would explain the presence of the spike in
cyclic voltammograms is proposed. Repulsive interactions exist between adsorbates
which would disfavour island formation or nucleation. Thus, it appears that for surface
coverages up to 1.2 x 10'10 mol cm'2 the monolayers exist as weakly interacting,
randomly dispersed adsorbates (Scheme 3A). Energy minimised molecular modelling
determines that the area of the unsolvated molecule is approximately 70 A2 (6.6 X 10.8
A). Hence, for surface coverages < 1.2 x 10'10mol cm'2the average area occupied per
molecule will be approximately 120 A2 yielding an intersite separation greater than 3 A
This intersite separation is too large to allow efficient intermolecular hydrogen bonding.
However, the abrupt shift in formal potential observed in Figure 7 and the current spike
in Figure 6 occur when the surface coverage is greater than 1.6 x 10™° mol cm"2 The
intersite separation at increased surface coverage will be 2.4 A and less allowing
hydrogen bonding interactions between the carbonyl oxygens of the quinone and the
hydroxy groups on the adjacent hydroquinone (Scheme 3B). As the surface coverage
increases further the extent of the hydrogen bonding interactions increases
(Scheme 3C).
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Scheme 3. Lateral interactions between 1,2,4-AQASH adsorbates as the bulk solution

concentration increases.

(A) Non-interacting adsorbates at low surface coverage.

(B) Adsorbates undergo lateral hydrogen bonding between
Q au(| H2Q ~ » for intersite separations less
than 3 A

(C) An increase in the bulk concentration of the anthraquione
solution causes the monolayer to coinpress causing an increase
in intermolecular hydrogen bonding interactions.

The sequence of events, which result in a spike being observed in the anodic branch of
the cyclic voltammogram when scanning in the negative potential direction can be

explained as follows:

(1) The potential scan is initiated at a positive potential of +0.18 V, the
anthraquinone exists in the oxidised form at this potential and spontaneously
adsorbs on the mercury electrode surface.

(2) As the potential is scanned in a negative direction the adsorbed Q molecules
are reduced to the H2Q form. This reduced form of the anthraquinone has a
higher surface coverage (higher packing density) than the oxidised form, this

has been confirmed through capacitance measurements.

(3) The potential is then scanned from -0.65 V to +0.18 V and the oxidation
reaction is driven. At the formal potential a nemstian redox equilibrium exists
between the oxidised and reduced forms of 1,2,4-AQASH.

(4) As the oxidation reaction proceeds and both redox forms exist on the mercury
surface lateral interactions form between the reduced and oxidised adsorbates.

The carbonyl oxygen groups in the quinone interact with the hydroxyl groups
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in the adjacent hydroquinone. These two functional groups act as donors and
acceptors in the hydrogen bonded network, as illustrated in Scheme 4.

(5) Hydrogen bonding between the adsorbates causes the electron density to
increase making it easier to oxidise the hydroquinone species causing the
formal potential to shift in a negative potential direction.

(6) The scan proceeds in the positive potential direction, however the nernstain
equilibrium has been disturbed and an excess of H2Q is present to be oxidised.
This causes a spike in the anodic branch of the cyclic voltammogram to
develop in the potential scan.

Scheme 4. Proposed intermolecular hydrogen bonded structure in mixed monolayers of
9,10-AQ and 1,2,4-AQASH.

The results presented thus far show that the current spike is only observed in
voltammograms of 1,2,4-AQASH, when monolayers are assembled from the quinone
form (scanning in a negative potential direction) for concentrations of anthraquinone
solution up to 5 /iM. For the range of bulk concentrations investigated in the

experimental section of this work (0.2 to 5 fiM) the surface coverage of hydroguinone
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is always less than 1.2 x 10™° mol cm'2, the intersite separation is greater than 3 A. A
higher bulk concentration of hydroquinone is required to create films in which the
intersite separation is small enough to allow hydrogen bonding interactions to occur.
However, current spikes are observed experimentally for monolayers formedfrom the
hydroquinone species (scanning a positive potential direction) for bulk concentrations

ofapproximately 20pM and greater.

3.3 Conclusions

This chapter presented a detailed investigation of the electrochemical properties of 9,10-
AQ and 1,2,4-AQASH, which spontaneously adsorb to form monolayers on a mercury
electrode surface. The effect of increasing the concentration of the electroactive species
in solution was probed and the experimental data modeled thermodynamically. Both
adsorbates interact laterally on the electrode surface at low and high surface coverages.
In monolayers of 1,2,4-AQASH at low surface coverage where the intersite separation
is greater than 4 A repulsive interactions exist between adsorbates. At high surface
coverage the intersite separation is 3 A or less, thus hydrogen bonding interactions
occur. The interaction parameters obtained from the Frumkin adsorption isotherm
confirm this mechanism, a positive interaction parameter, (repulsive interactions) is
obtained at low surface coverage, and a negative interaction parameter, (attractive

interactions) results at high surface coverage.

The shape of the CVs recorded for 9,10-AQ and 1,2,4-AQASH from solutions of high
bulk concentration exhibit spike shaped branches and this is also indicative of attractive
interactions between adsorbates. When the interaction parameters for the two
anthraquinones are compared it shows that 9,10-AQ adsorbates undergo stronger
intermolecular interactions than 1,2,4-AQASH adsorbates. This is possibly due to the
fact that 9,10-AQ has no substituents on the rings and so the molecules pack closer on

the electrode surface, allowing for increased interactions.

It is evident from the results presented in this chapter that 1,2,4-AQASH adsorbates
form stable monomolecular films on mercury. The redox reaction involves the transfer
of two electrons coupled to the uptake of two protons from solution. Therefore, this
system is ideal to study the kinetics of electron and proton transfer. This ideality forms
the basis of the experimental work presented in Chapter 5 of this thesis. Chapter 4
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probes the electrochemical properties of 1,2,4-AQASH further, as it is coadsorbed onto
a mercury surface with a disubstituted anthraquinone derivative, 15
dimethoxyanthraquinone. ~ The thermodynamics of competitive adsorption are

investigated and compared to that of single component monolayers.
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Chapter 4

Thermodynamics and Kinetics of Adsorption in Single and Two

Component Anthraquinone Monolayers



“Hard work spotlights the character of people : some turn up their sleeves, some turn up

their noses, and some don’t turn up at all.”

Sam Ewig



4. Introduction

In the previous chapter the mechanism of monolayer formation was demonstrated to be
uncomplicated, as 1,2,4-AQASH was seen to spontaneously adsorb on mercury. An
equilibrium surface coverage was attained on a sub-second timescale. Scanning the
potential between positive and negative potential limits did not alter the CV response.
Calculations to determine the area per molecule were in agreement with literature values
for a parallel-orientated molecule12345 on the electrode surface. In this chapter the
adsorption and desorption dynamics of 1,5-Dimethoxyanthraquinone (1,5-DMAQ) is
reported in detail. Depending on the concentration of 1,5-DMAQ in the deposition
solution the time taken for an equilibrium CV response to establish varies. A number of
previous publicationse789011'12 have focused on modeling the adsorption kinetics of
electroctroactive species adsorbed on an electrode surface. In doing this an adsorption
mechanism, which leads to an equilibrium surface coverage could be postulated for
different systems. A kinetic model proposed by Hubbard, Silan and Plant13 was fit to
the experimental data presented in this chapter. To the best of my knowledge this is the
first work to deal with the adsorption and desorption dynamics of an anthraquinone
derivative on a mercury surface, no other publications have been found in a thorough

review of literature.

The second topic presented in this chapter is the electrochemical properties of two
component anthraquinone monolayers. Chidsey and coworkersi41 previously studied
coadsorption of unsubstituted alkanethiols and ferrocene-terminated alkanethiols to
investigate the distance dependence of electron transfer. Faulkner and Forsteris looked
at binary monolayers of osmium containing complexes, which spontaneously adsorb
onto platinum. These two complexes overlap on the potential axis in cyclic
voltammetry. The magnitude of separation on the potential axis determines the
selectivity of cyclic voltammetry and the potentials must be separated by at least 100
mV if the concentration of the individual species is to be determined accurately. The
difference in electron transfer rates of the two adsorbates was used to determine their
surface coverages in this two-component assembly. A similar investigation was carried
out by Forster1z involving the coadsorption of two anthraquinone derivatives; 1,5
AQDS and 2,6-AQDS. In this investigation the concentrations of the two

149



anthraquinones in solution have been determined by combining information about

heterogeneous Kinetics and adsorption thermodynamics.

The molecules under investigation in this work are 1-amino, 2-sulphonic, 4-
hydroxyanthraquinone (1,2,4-AQASH) and 1,5-dimethoxyanthraquinone (1,5-DMAQ).
They are coadsorbed onto the surface of mercury from a deposition solution containing
70:30 % water:DMF. The formal potentials of the two molecules are well separated on
the potential axis and so cyclic voltammetry has been used to investigate properties of
these mixed monolayers. The therodynamics and Kinetics of adsorption are modeled to
determine the mode of adsorption and structure of the mixed monolayer, when

equilibrium surface coverage is reached.

41 Experimental

Cyclic voltammetry was performed using a CH Instruments Model 660 electrochemical
workstation, a PAR EG&G model 270 dropping mercury electrode and a conventional
three-electrode cell. Potentials were measured against a potassium chloride saturated
silver/silver chloride (Ag/AgCl) reference electrode. The auxiliary electrode was a
large area platinum wire. All solutions containing 1,2,4-AQASH and 1,5-DMAQ were
thoroughly deoxygenated by purging with nitrogen and a blanket of nitrogen was
maintained over the solution throughout the experiments. The area of the mercury
electrode was determined using the density of pure mercury (13.546 g cm’) by
dispensing, collecting and weighing 100 drops of mercury. An electrochemical area of
0.0140 = 0.0007 cm2was obtained. This area was also confirmed by recording cyclic
voltammograms under steady state and linear diffusion conditions using [Ru(NH3)e] 243+

as a solution phase electrochemical probe.
4.1.1 Materials and Procedures

The two anthraquinone derivatives used in the experimental; 1-amino, 2-sulphonic, 4-
hydroxyanthraquinone (1,2,4-AQASH) and 1,5-dimethoxyanthraquinone (1,5-DMAQ)
were obtained from BASF. Deposition solutions were prepared using 70:30% v/v
mixture of water and DMF using 1.0 M HCIO4 as the supporting electrolyte.
Spontaneously adsorbed monolayers were formed from electrolytic solutions of the
anthraquinone at the desired concentration, typically in the micromolar range. A scan
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rate of 5 Vs"1 was used in cyclic voltammetry, which is sufficiently fast to ensure that
the current contribution from diffusion was less than 5% of the total current
observed.1819 For surface coverage experiments, repetitive cyclic voltammetry was
performed until the peak currents observed in successive scans were identical, i.e., the
equilibrium surface coverage was attained. For two component monolayers, the total
surface coverage and the relative amounts of each species could be controlled by
varying the solution phase concentration of the individual species. To determine the
surface coverage, voltammograms were first corrected for double layer charging and

then the charge under the faradaic peak was measured.

To probe the effect of coimmobilisation on both the formal potentials and the free
energies of adsorption, a series of mixed anthraquinone solutions was prepared. In the
two component system 1,5-DMAQ adsorbs more strongly to the electrode surface,
hence the concentration of 1,2,4-AQASH was always in excess of 1,5-DMAQ when

carrying out these experiments.
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4.2 Results and Discussion

4.2.1 General EC Properties of Single Component Monolayers

Figure 1 illustrates the response obtained from 3 (.M deposition solutions of the two
anthraquinones under investigation here, 1,5-dimethoxyanthraquinone (1,5-DMAQ) and
1-amino,2-sulphonic,4-hydroxyanthraquinone (1,2,4-AQASH). As previously stated
the solutions contained 30% DMF to ensure full solubility and 1 M HCIO4 was used as

the supporting electrolyte.

Potential/V

Figure 1. Cyclic voltammograms of a mercury electrode (A = 0.014 cm2) immersed in
a 3 M solution of 1,5-DMAQ () or 3 | iIM1,2,4-AQASH (—. The solutions are 30:70
% v/v DMF:H20 containing 1.0 M HCIO4 as the supporting electrolyte. The pH of the
solutions is 0.16. The scan rate is 5 Vs"1 Cathodic currents are up and anodic currents

are down. The potential scan was started at the positive potential limit for both CVs.

Consistent with numerous previous reports concerning the adsorption of anthraquinone
derivatives on mercury electrodes, * * ’ ’ it can be seen that these molecules adsorb

to the electrode surface in an ideal manner. In theory when a substrate is adsorbed on
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an electrode surface with no interactions between adsorbates and a rapid equilibrium is
established between the applied potential and the redox composition of the film, a zero
peak-to-peak splitting and a full width at half maximum (FWHM) of 90.6/n mV (n is
the number of electrons transferred) are expected.181925 The cathodic and anodic peak
potentials for 1,5-DMAQ and 1,2,4-AQASH are separated by 9.0 + 0.3 and 14.3 + 0.5
mV respectively. Analysis of the cyclic voltammograms in Figure 1 shows that the
FWHM values for 1,5-DMAQ and 1,2,4-AQASH are 45.8 + 0.4 and 49.6 £ 0.7 mV,
respectively. These values compare quite well with theory and suggest that the redox
mechanisms for 1,5-DMAQ and 1,2,4-AQASH involve the transfer oftwo electrons and
two protons in low pH media, as illustrated in Scheme 1 below. The small positive
deviation between experimental FWHM values and theoretical FWHM for a two
electron transfer mechanism may be indicative of slight repulsive interactions between
adsorbates.18 Concentration dependent cyclic voltammetry data is fit to the Frumkin
adsorption isotherm in section 4.2.3 of this chapter to investigate the possibility of such

interactions.

Scheme 1. Redox reaction of 1,5-DMAQ and 1,2,4-AQASH in low pH solution.

2H+  + 2e-
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4.2.2 Scan Rate Dependence

The effect of increasing the scan rate in cyclic voltammetry on the current response was
investigated over the scan rate range 5-50Vs". The results are presented in Figure 2 for
a 6 (aM solution of 1,5-DMAQ, which spontaneously adsorbs onto the mercury
electrode surface as discussed previously. The inset of Figure 2 shows that the peak
current scales linearly with scan rate, at least up to a scan rate of 50 Vs'L This is the
response expected for an adsorbed moiety, the peak current would have a square root
dependence on scan rate if the molecule was freely diffusing to the electrode surface.»
As the scan rate increases from 5 to 50 Vs"1the peak-to-peak separation increases from
0.03 £ 0.001 mV to 0.06 £ 0.001 mV. This increase in separation between the cathodic
and anodic peaks may be attributed to iR drop at the mercury macroelectrode. As the
scan rate increases the resistance of the solution remains constant but the current

response increases, thus the iR drop will increase with an increase in scan rate.
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Potential / V

Figure 2. Cyclic voltammograms for a mercury electrode immersed in a 6 jjM solution
of 1,5-DMAQ with 1.0 M HCIO4 as the supporting electrolyte. Scan rates are 50 (-),
40 ( ), 30( ), 20 (5 and 10 Vs'1( ). Cathodic currents are up and anodic currents are
down with the initial potential set at -0.5 V. The inset shows the dependence of the
maximum peak current over the scan rate range 5-50 Vs'l Where error bars are not
visible, errors were determined from at least three independently formed monolayers
and are comparable to the size of the symbols.

4.2.3 Adsorption Isotherms

The relationship between the amount of material adsorbed on the electrode surface and
the concentration in solution varies with temperature. If surface coverage
measurements are measured at a constant temperature the relationship is referred to as
an adsorption isotherm. The extent of adsorption is expressed as a surface coverage, T,
in mol cm'2. As the concentration of the electroactive species in the deposition solution
increases there is a concurrent increase in the surface coverage. Cyclic voltammograms
for solutions containing 0.2 to 4 jiM 1,5-DMAQ with 1M HCIO4 as the supporting
electrolyte are illustrated in Figure 3. The surface coverage increases from 1.7 + 0.12 x

101 to 8.5 + 0.17 x 1011 mol cm'2 over this concentration range. This plot illustrates



clearly that as the concentration of the electroactive species in solution increases there is
no significant distortion in the cathodic or anodic peak shapes. This indicates that
lateral interactions may not be significant in single component 1,5-DMAQ monolayers.
This result contrasts with results in the previous chapter, which detailed the
electrochemical response of 1,2,4-AQASH in aqueous solution. However, it is
important to note that the solutions of 1,5-DMAQ and 1,2,4-AQASH used throughout
the experimental of this chapter were 70:30% v/v mixture of water and DMF.
Therefore it is possible that the monomolecular films formed are highly solvated, as
apposed to monolayers formed from entirely aqueous solutions. The degree of
solvation will be investigated further in this chapter through capacitance data and the

adsorption isotherms.

Potential / V

Figure 3. Dependence of the cyclic voltammetry response of a mercury electrode (area
= 0.014 cm'2) on the bulk concentration of 1,5-DMAQ in 1.0 M HCIO4. The pH of the
solution is 0.16. The concentrations are 4 ( ), 3(—3, 2 (4, 1( ), 05 ( )and 0.2 (iM
( ). The scan rate is 5 Vs'l Cathodic currents are up and anodic currents are down,

with the initial potential set at-0.5 V.
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Two principal adsorption isotherms are the Langmuir and Frumkin isothérnts,  the
theories of which have already been discussed in detail in section 3.2.5 of the previous
chapter of this thesis. The adsorption data for 1,5-DMAQ and 1,2,4-AQASH were
analysed using both the Langmuir and Frumkin adsorption isotherms as single
component monolayers in order to see which provided the best fit to the experimental

results.

[DMAQ] / fi.M

Figure 4. Dependence of the surface coverage on the bulk concentration of 1,5-
DMAQ. The solutions were made up in 70:30 % v/v water:DMF and the supporting
electrolyte was 1.0 M HCIO4. The solid and dashed lines represent best fits to the
Langmuir and Frumkin adsorption isotherms, respectively. Where error bars are not
visible, errors were determined from at least three independently formed monolayers
and are comparable to the size of the symbols. The inset shows the correlation between
the experimental and theoretical Frumkin concentrations, which were determined using

a solver model developed in Microsoft Excel.
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Figure 5. Dependence of the surface coverage on the bulk concentration of 1,2,4-
AQASH. The solutions were made up in 70:30 % v/v water:DMF and the supporting
electrolyte was 1.0 M HCIO4. The solid and dashed lines represent best fits to the
Langmuir and Frumkin adsorption isotherms. Where error bars are not visible, errors
were determined from at least three independently formed monolayers and are
comparable to the size of the symbols. The inset shows the correlation between the
experimental and theoretical Frumkin concentrations, which were determined using a

solver model developed in Microsoft Excel.

Table 1 outlines the results obtained for both 1,5-DMAQ and 1,2,4-AQASH films when
fit to the both adsorption isotherms outlined above. With reference to this data and the
illustrations in Figures 4 and 5 it can be seen that the Frumkin isotherm provides a
better fit to the experimental points for the adsorption of 1,5-DMAQ and 1,2,4-AQASH.
Interaction parameters of +0.124 and -0.529 were calculated for 1,5-DMAQ and 1,2,4-
AQASH respectively. These values correspond to interaction free energies of +0.107
and -0.694 kJ mol"1 This would indicate that small repulsive interactions exist between
1,5-DMAQ molecules when adsorbed on the mercury surface, while somewhat larger

attractive interactions exist between 1,2,4-AQASH molecules. In the case of 1,2,4-

158



AQASH adsorbates these interactions could take the form of hydrogen bonding, as
previously outlined in chapter 3.

Table 1. rsaand P values for monolayers of 1,5-DMAQ and 1,2,4-AQASH determined
from the Langmuir and Frumkin isotherms. The Frumkin interaction parameters, g are
also presented for both adsorbates. The conditions under which the experimental data
was obtained is as follows; solutions were made up in 70:30 % v/v watenDMF, with 1
M HCI10O4 as the supporting electrolyte. These solutions recorded a pH of 0.16.

Langmuir - Single Frumkin - Single
Component Component

T sat,dmag/ mol cm 2 1.11 £0.12 X 10'10 143 £0.11 x 10’10
r SAT, AQ2H/ mol GO 2 1.00 £ 0.09 x 1010 9.44 +0.10 x 10™
POVEQ/M ' 6.08 £ 0.12 X 105 3.44 +0.07 x 105
P AQAH/ M 5.93 £0.17 x 105 4.89 + 0.14 x 105

g DVAQ +0.124

g AQAH - 0.529

Values for the adsorption coefficient have been calculated as 3.44 + 0.07 x 105and 4.89
+0.14 x 105 M'1 for 1,5-DMAQ and 1,2,4-AQASH respectively. These values indicate
that both adsorbates interact strongly with the mercury electrode surface, however 1,2,4-
AQASH binds relatively more strongly. It is interesting to note that the adsorption
coefficient obtained for the 1,2,4-AQASH monolayer is approximately half that quoted
in the previous chapter. This reduction in adsorption strength most likely arises because
the strength of the hydrophobic interaction of the organic molecule with the electrode
surface decreases when the deposition solution contains 30% DMF. A similar

B \yhen Mvestigating the adsorptﬂn

observation was made by Forster and O’Hanlon
behaviour of 2,7-AQDS on mercury formed from deposition solutions containing 20%

DMF.
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The saturation coverage obtained using the Frumkin isotherm for 1,2,4-AQASH is 9.44
+ 0.10 x 10'11 mol cm'2 which is less than the value obtained for monolayers deposited
from entirely aqueous solutions, 1.68 x 10'10mol cm'2. Saturation coverage determined
using the Frumkin isotherm for 1,5-DMAQ is 143 + 0.11 x 10™ mol cm'2 The
limiting coverages obtained from optimized fits to the Frumkin isotherm for 1,2,4-
AQASH and 1,5-DMAQ correspond to areas of occupation per molecule of
approximately 131 and 87 A2 respectively.

4.2.4 Interfacial Capacitance

As outlined in Section 1.1 of Chapter 1 adsorption of an electroactive species onto an
electrode surface generally causes ions and solvent molecules to be displaced. The
extent to which the double layer capacitance decreases upon modification can thus
provide information on the packing density of a monolayer. The double Ilayer
capacitance of 1,5-DMAQ and 1,2,4-AQASH films was determined independently from
cyclic voltammetric data when the deposition solution contains 30 % DMF. This
analysis is similar to that carried out in Section 3.2.6 of the previous chapter, when
1,2,4-AQASH deposition solutions were prepared entirely in water. Under these
conditions the interfacial capacitance was seen to depend on both the redox state of the
adsorbing species and the surface coverage on the electrode surface. The double layer
capacitance, Cdi changed from 36.9+ 0.7 fiF cm'2 for an unmodified mercury surface to
a limiting value of 23.6+ 0.5 pF cm'2 and 19.7+ 0.5 pF cm=2 for fully oxidized and
reduced monolayers, respectively. The concentration of 1,2,4-AQASH was sufficient to
yield saturation surface coverage in these measurements. This result was similar to
previous studies carried out by Forster and coworkers > > ° when studying single

component anthraquinone monolayers, formed from entirely aqueous solutions.
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Figure 6. Dependence of the double layer capacitance on the bulk concentration of
quinone (*) and hydroquinone (m) forms of 1,2,4-AQASH monolayers formed on
hanging mercury drop electrodes. The interfacial capacitance was measured at
potentials of +0.10 and -0.40 V from cyclic voltammograms run at a scan rate of 5 Vs'l
Solutions were made up in 70:30 % water:DMF with 1 M HCIO4 as the supporting

electrolyte.

When the deposition solution contained 30 % DMF the interfacial capacitance was
significantly less sensitive to concentration and surface coverage. As illustrated in
Figure 6 the interfacial capacitance changed from 26.8 to 19.8 (iF cm' as the solution
concentration of 1,2,4-AQASH increased from 0.2 to 6 uM. Measurements were taken
when the monolayer was in the fully oxidized state, at a potential of +0.1 V. The
variation of the capacitance over the same concentration range when the monolayer is in
the fully reduced state was from 22.8 to 18.1 |iF cm'2 From these results it is evident
that the interfacial capacitance decreases with increasing surface coverage, however the
decrease was much less significant than that measured when deposition solutions were
made up entirely in aqueous electrolyte. This would suggest that monomolecular films
formed from deposition solutions containing 30 % DMF are highly solvated for all
surface coverages and the dielectric constant within the layer is similar to that found at

an unmodified interface. Analogous observations have been made by Forster and

161



O’Hanlon2s when studying the adsorption behaviour of 1,4-AQCIOH and 2,7-AQDS
deposited from deposition solutions containing 20 % DMF.

The interfacial capacitance of 1,5-DMAQ in a deposition solution containing 30 %
DMF was also studied. The results presented in Figure 7 show capacitance values
measured at potentials of +0.14 V (fully oxidized monolayer) and -0.30 V (fully
reduced monolayer). Similar to the result for 1,2,4-AQASH monolayers, the double
layer capacitance appears to be independent of surface coverage but dependent on the
redox state of the monolayer. A lower capacitance was recorded for reduced
monolayers regardless of concentration.  This would suggest that fully reduced

monolayers pack more densely than fully oxidized monolayers.

0 1 2 3 4 5 6 7
[DMAQ] InM

Figure 7. Dependence of the double layer capacitance on the bulk concentration of
quinone (*) and hydroquinone (m) forms of 1,5-DMAQ monolayers formed on hanging
mercury drop electrodes. The interfacial capacitance was measured at potentials of
+0.14 and -0.30 V from cyclic voltammograms run at a scan rate of 5 Vs'1 Solutions
were made up in 70:30 % water:DMF with 1M HCIO4as the supporting electrolyte.
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4.2.5 1,5-DMAQ Adsorption Kinetics

The cyclic voltammetric response illustrated in Figure 1 shows the response obtained
from a 3 pM solution of 1,5-DMAQ once adsorption has come to equilibrium. The time
taken for this equilibrium response to be established depends on the concentration of the
adsorbing species in solution. In this section of the chapter the kinetics of adsorption
will be investigated for two solution concentrations of anthraquinone.  The
concentrations used are 2 and 10 pM, which yield intermediate and saturation coverages
on the electrode surface, respectively. These two solution concentrations were analysed
because the rates of initial adsorption and interconversion are different for solutions of
high and low concentration. Figures 8 and 9 show the response obtained from a 2 pM
solution over a period of one hour. Initially two peaks are seen in the cyclic
voltammetric response at potentials of 0.132 V and 0.046 V. Cyclic voltammograms
were recorded in a repetitive run program every nine seconds to monitor the variation of

the surface coverage leading to an equilibrium, one-peak response.
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Figure 8. Cyclic voltammetry response of a mercury electrode immersed in a
deposition solution containing 2 pM 15-DMAQ. The solution is 70:30 % viv
DMF:H20 containing 1 M HCIO4 as the supporting electrolyte. The scan rate was
5Vs'L The potential limits were +0.2 and -0.5 V and the potential was scanned in a
positive potential direction. CVs were recorded at times 9 (-), 45 ( ), 135 (— and 306
() seconds.

From this analysis the following was noted, the peak at the more positive potential was
seen to grow rapidly over the first five minutes approximately to a maximum height.
This is shown in Figure 8 above and will be referred to as “Process 17 in the discussion
that follows. Subsequent CVs showed a decrease in the peak height until it disappeared
from the cyclic voltammograms altogether. This process, which is illustrated in Figure
9 takes place over a longer period of time, in the case of a 2 pM deposition solution
displayed here the process takes approximately 1 hour. As the peak at 0.132 V
decreased over time, “Process 2A” a simultaneous increase in the peak height at 0.046
V, “Process 2B” was observed. These initial adsorption and interconversion Kinetic
results were reproducible for other 2 uM solutions of 1,5-DMAQ when monolayers

were formed independently on different mercury drops.
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Figure 9. Cyclic voltammetry response of a mercury electrode immersed in a
deposition solution containing 2 pM 15-DMAQ. The solution is 70:30 % viv
DMF:H20 containing 1 M HCIO4 as the supporting electrolyte. The scan rate was 5
Vsl The potential limits were +0.2 and -0.5 V and the potential was scanned in a
positive potential direction. CVs were recorded at times 6 ( ), 15 (—, 30 (—, 45 ( )
and 60 minutes (-).

The results for a 10 pM solution, although not graphically presented here showed the
same trend in the data. The peak at the more positive potential, 0.132 V increased over
the first two minutes approximately with subsequent loss of the peak at 0.132 V and
growth of the peak at 0.046 V taking approximately 4 hours to reach an equilibrium
response. In order to gain some understanding of the mechanism of adsorption in these
monomolecular films, which leads to equilibrium surface coverage the results for

processes 1, 2A and 2B were fit to a number of adsorption models.



In an extensive review carried out by Schreiber2 on the structure and growth of self-
assembling monolayers, a discussion of the growth behaviour of self-assembled
monolayers from solution was presented. The SAMs reviewed in this paper were
largely alkanethiol monolayers, however some similarities were apparent. In the
alkanethiol systems it was noted that as the concentration of electroactive species in
solution increased the initial growth increased too. This was also seen for the 2 and 10
(M deposition solutions of 1,5-DMAQ. Schreiber also found that the first adsorption
step resulted in 80-90% coverage, typically in the time scale of a few minutes. After
that the growth rate proceeded at a much slower rate. This can also be seen in the
adsorption kinetic data of 1,5-DMAQ, for example the results for a 2 pM solution are
presented in Figure 10. This plot shows how the peak current at 0.046 V increases as
adsorption proceeds, (Process 2A) while the voltammetric peak at 0.132 V
simultaneously decreases (Process 2B). The total current at each time is also shown.
From this plot it can be seen that the interconversion proceeds over a period of one
hour, however the adsorption process reaches an equilibrium response after
approximately 20 minutes. It is also evident from this plot that Process 2A is much
faster than Process 2B, as the total surface coverage, () decreases over the time period
investigated. The mechanism outlined in Section 4.2.5.4 of this chapter proposes an
explanation for this process, following a discussion of models that provide the best fit to

the experimental data.
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Figure 10. Surface coverage as a function of time for a 2 (iMsolution of 1,5-DMAQ in
1 M HCIO4, initial adsorption and subsequent desorption at 0.132 V (m), adsorption at
0.046 V (*), and the total surface coverage (¢) - sum of desorption and adsorption

surface coverages at each time.
4.2.5.1 Initial Growth Kinetics - Process 1

As mentioned previously the voltammetric peak at 0.132 V is seen to increase rapidly in
magnitude as the potential is scanned between potential limits of -0.5 and +0.2 V.
Cyclic voltammograms were recorded every nine seconds and in the case of a 2 |iM
solution this initial adsorption came to an equilibrium response within five minutes. In
the case of the 10 pM solution this initial adsorption step came to equilibrium within
two minutes. A kinetic model originally proposed by Hubbard, Silin and PIantBto
model the formation of a monolayer of phospholipid from vesicles in solution onto a
hydrophobic alkanethiol monolayer was fitted to the experimental data presented here.
The model expresses the time-dependent surface concentration in terms of the
maximum surface coverage of anthraquinone, the bulk concentration of the adsorbing
species, bulk diffusion of the adsorbing species, and a surface reorganization rate

constant. Using this model it was possible to deduce the extent to which monolayer
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formation was controlled by kinetics (bulk diffusion) or thermodynamics (surface
reorganization). The model may be expressed using Equation (1):
f ]2“ \ ”
-kCo D Fkat.i 2
Tt =r, 1-ex ex erfc -[ +=1Dt
O=r P oo kzvp D lag & k"nl (1)

where r*no is the surface coverage associated with a dense monolayer, k is the apparent
rate constant (cm s'J), D is the bulk diffusion coefficient of the complex, t is the time in
seconds and erfc is the complement of the error function. The apparent rate constant, k,
incorporates a number of interfacial processes including the binding itself and surface
diffusion. When k2D » 1, corresponding to instantaneous surface binding relative to

diffusion, Equation (1) simplifies to the stretched exponential expression.

() =1,  1- exp 2CofDtN @)

However, if surface binding kinetics represent the rate determining step then first order
behaviour is observed, as described by Equation (3) and the surface coverage increases

exponentially over time.
T =r, 1-exp << &)

The experimental data has been fit to Equations (2) and (3) using a Solver model in
Microsoft Excel by naming the saturation surface coverage, diffusion coefficient and
rate constant as variable parameters. The best fit was obtained by minimizing the sum
of the squared residuals between the experimental values the values calculated using the
equations above. A residual plot for both the diffusion and surface reorganization
kinetic models is shown in the inset of Figures 11 and 12. From these plots it can be
seen that the residuals of the surface reorganization kinetic model, (m), are smaller than
the diffusion model, (., This would indicate that the model described using Equation
(3) may provide the best fit to the experimental data for both the 2 and 10 pM data.
However, diffusion may be important at shorter timescales on the basis of the following
calculation. The two concentrations analysed were 2 and 10 p.M, which vyield
equilibrium surface coverages of4.5 x 1001 and 1.1 x 10'10mol cm'2 respectively.
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The depletion layer thickness may be determined by calculating the volume of the
mercury drop and the volume of anthraquinone solution, which forms the depletion
layer. This yields a value for the total volume and hence the outer radius of the sphere.
The difference between this value and the radius of the mercury drop yields a value for
the thickness of the depletion layer, 8. This value changes from 0.016 to 0.009 cm as
the concentration changes from 2 to 10 [JM. Assuming linear diffusion of electroactive
species towards the electrode surface, the time taken for the diffusion process may be

calculated using Equation (4):

where 5 is the film thickness and D is the diffusion coefficient of the electroactive
species in solution. Scan rate dependent cyclic voltammetry of 1,5-DMAQ dissolved in
solution indicates that D is 2.00 x 106cm2s'L Therefore, the time taken for equilibrium
surface coverage to be reached takes 40.7 and 12.9 seconds for the 2 and 10 pM
solutions respectively. Repeating the calculation assuming linear diffusion of the
anthraquinone to the electrode surface and dividing the concentration on the surface by
the concentration in solution, the depletion layer thickness have been calculated as
0.023 and 0.011 for the 2 and 10 pM solutions, respectively. The timescale for the
diffusion process decreases from 80.3 to 19.2 seconds. It can be seen from the
experimental results in Figures 11 and 12 that it takes between 300 and 80 seconds for a
dense monolayer to form, depending on the concentration of 1,5-DMAQ in the
deposition solution. Therefore it is possible that the diffusional mass transport to the
electrode surface is significant in the initial fast adsorption step, referred to as Process 1
in this chapter. The optimized parameters from the best fits of the experimental data to
the diffusion model described in Equation (2) are listed in Tables 2 and 3 of this
chapter. The predicted values of 6.22 x 105 and 5.71 x 105 s for the 2 and 10 (UM
solutions are larger than the experimentally measured value 0f2.00 x 106cms'L This is
reflected in the fits illustrated in Figures 11 and 12, which show deviations between

experimental and predicted data points.
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Figure 11. Evolution of the surface coverage of 1,5-DMAQ at a potential of 0.132 V
adsorbed on a mercury electrode. The data points are experimental results for a 2 (iM
solution, the error bars represent data taken from three independently formed
monolayers. The solid and dashed lines represent the best fits to the adsorption and
diffusion models respectively. The inset shows the residuals for both the adsorption (m)

and diffusion (=) models.
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Figure 12. Evolution of the surface coverage of 1,5-DMAQ at a potential of 0.132 V
adsorbed on a mercury electrode. The data points are experimental results for a 10 | iM
solution, the error bars represent data taken from three independently formed
monolayers. The solid and dashed lines represent the best fits to the adsorption and
diffusion models respectively. The inset shows the residuals for both the adsorption (m)

and diffusion (., models.
4.2.5.2 Interconversion Kinetics - Process 2A

Following the initial rapid adsorption of the peak at 0.132 V this peak was seen to
decrease in magnitude and a subsequent increase in the peak at 0.046 V proceeded for
times of 1-4 hours depending on the solution concentration of 1,5-DMAQ. The
decrease in peak current at 0.132 V was fit to first and second order kinetic plots. The
results for a 10 pM solution are presented below. The best fit was obtained from first
order kinetics as the second order plot gives a curved response. The results for a 2 pM
solution were the same, first order kinetics providing a significantly better fit to the
data. These results suggest that the desorption process is mechanistically simple, in that
the electroactive species in solution has no significant effect on the desorption rate.
That 1,5-DMAQ desorption can be modeled using first order kinetics indicates that all
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adsorption sites are equivalent, and lateral interaction between adsorbates is small. This
is supported by the adsorption isotherm data presented earlier for 1,5-DMAQ as a single
component monolayer. The Frumkin isotherm predicted an interaction parameter of
+0.124, which implies only small repulsive interactions between adsorbates. The rate
constants for the decrease in peak current, (Process 2A) at both concentrations are
summarized in Tables 2 and 3, which follows a discussion of the kinetics of adsorption
at 0.046 V. Processes 2A and 2B occur simultaneously and represent an

interconversion mechanism.

Time /S

Figure 13. First order kinetic plot for desorption of 1,5-DMAQ at 0.132 V from a
mercury electrode, the solution concentration of anthraquinone is 10 (iM. The solution

was made up in 70:30 % water:DMF with 1 M HCIO4 as the supporting electrolyte.
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Figure 14. Second order kinetic plot for desorption of 1,5-DMAQ at 0.132 V from a
mercury electrode, the solution concentration of anthraquinone is 10 fiM. The solution

was made up in 70:30 % water:DMF with 1 M HCIO4 as the supporting electrolyte.

4253 Growth Kinetics - Process 2B

Similar to the results presented previously growth of the peak at 0.046 V has been fit to
the diffusion and surface adsorption and reorganization models. The results for a 10
(iM solution are presented in Figure 15. Both models provide a reasonable fit to the
experimental points, however as before the adsorption model yields the best fit at all
times. The residual plot for the diffusion model shows time dependent structure at
shorter times and the optimized parameters obtained from this model are less accurate
than those obtained from the adsorption model. As discussed previously diffusion
processes would only play a significant role if monolayer formation reached equilibrium
at short timescales. The results are the same when both models are fit to experimental
data from a 2 pM solution. The optimized rate constants for the adsorption and

interconversion processes 1, 2A and 2B are summarised in Tables 2 and 3.
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Figure 15. Evolution of the surface coverage of 1,5-DMAQ at a potential of 0.046 V
adsorbed on a mercury electrode. The data points are experimental results for a 10 pM
solution made up in 70:30 % water:DMF with 1 M HCIO4 as the supporting electrolyte.
CVs were recorded starting the potential scan at -0.5 V. The solid and dashed lines
represent the best fits to the adsorption and diffusion models respectively. The inset

shows the residuals for both the adsorption (-) and diffusion (a) models.
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Table 2. Optimised parameters obtained from the surface binding and diffusion models
for the adsorption of 1,5-DMAQ on a mercury electrode surface. The concentration of

anthraquinone in solution is 2 pM.

2
rsAT/ mol cm' ksH/ cm s'1

Initial Adsorption at 0.132 V 3.35 x 10™ 1.25x 103
Process 1
Interconversion at 0.046 V i 1.50 x 10'3
Process 2A
Adsorption at 0.046 V 2.52 x 10™ 8.64 x 105
Process 2B

KRipp/cms 1

6.22 X 10'5

3.08 x 10'6

Table 3. Optimised parameters obtained from the surface binding and diffusion models
for the adsorption of 1,5-DMAQ on a mercury electrode surface. The concentration of

anthraquinone in solution is 10 pM.

2
Fsat/ mol cm' ksn/ cm s'1

Initial Adsorption at 0.132 V 503 x 101 2.43 x 103
Process 1

Interconversion at 0.046 V _ 3.00 x 10"
Process 2A

Adsorption at 0.046 V 3.86 x 101 6.23 x 106
Process 2B
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4.25.4 Mechanism of 1,5-DMAQ Adsorption

A mechanism by which 1,5-DMAQ adsorbs onto the mercury electrode surface to yield
an equilibrium response is proposed in this section. The interconversion from a two-
peak cyclic voltammetric response to one peak most likely arises from a reorganization
of the adsorbates on the electrode surface. To explain the voltammetry presented in this
work it is possible that 1,5-DMAQ initially adsorbs in a tilted or perpendicular
orientation on the electrode surface. This is reflected in the initial rapid adsorption of
the peak at 0.134 V, referred to as Process 1 in this chapter. Either of these
conformations would result in less interaction with the electrode surface than would be
attained if the anthraquinone adsorbed in a parallel orientation. Therefore, tilted or
perpendicularly oriented molecules would be less stable and the molecules would
reorient to a parallel conformation, prior to saturation coverage being achieved. This
reorientation would result in the 1,5-DMAQ molecule forming a 7-interaction with the
mercury surface, which would lower the free energy and thus increase the stability of
the system. This mechanism is displayed in Figure 16 with the parallel orientation
energetically favoured over the perpendicular or tilted orientation by an amount AG.
The initial adsorption at the more posmve potential proceeds at a rate of 1.25 x 103cm
s'! at low solution concentration and mcreases to 2.43 x 10’ cm st at high solution
concentration. These values are not significantly different and show that the rate of
adsorption is similar irrespective of solution concentration. The saturation surface
coverage for Process 1 is greater than that obtained for Process 2B. This may be
explained, as the saturation surface coverage for perpendicular oriented molecules

would be significantly higher than that for a parallel orientation.

Anthraquinone derivatives have been reported to adsorb in a tilted or perpendicular
conformation previously by Ramakrishnan and coworkers 343 and Taniguchi and
coworkers, 3 as discussed in Chapters 1 and 3 of this work. However, these studies
dealt with the adsorption of anthraquinone derivative molecules onto silver and gold
surfaces. Hence, no direct comparison may be made with the experimental work

presented in this chapter, as the substrate used in this work was mercury.
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Figure 16. Energy level diagram demonstrating the difference in free energy of 1,5

DMAQ when adsorbed on a mercury electrode surface in three different orientations.

The parallel orientation is energetically favoured over the tilted or perpendicular

orientation by an amount AG.

In support of the mechanism proposed, the decrease of the voltammetric peak at 0.132
V and concurrent growth of the peak at 0.046 V, Processes 2A and B, is due to the tilted
or perpendicularly oriented anthraquinone spontaneously reorienting into a parallel
conformation. While the decrease in the voltammetric peak at 0.132 V proceeds over a
long period of time the increase in the voltammetric response at 0.046 V comes to an
equilibrium response faster, as saturation coverage for the parallel orientation is lower.
Process 2A proceeds at a rate of 1.5 x 103cm s'1for a 2 pM solution, and decreases to
3.0 x 104 cm s'1for a 10 pM solution. Process 2B is slower at high concentration also.
One possible reason for these slower rates is that there are a larger number of adsorbates
to reorient from tilted or perpendicular to parallel configuration when the solution
concentration of 1,5-DMAQ is higher. Therefore, it takes longer for the adsorbates to

reorient and the system to reach an equilibrium response.
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4.2.6 Two Component Monolayers

Thus far it has been shown that the cyclic voltammetric response for 1,5-DMAQ and
1,2,4-AQASH follow the Frumkin adsorption isotherm when monolayers are formed
independently. Also, with reference to Figure 1 the surface coverages obtained from
deposition solutions containing 3 pM of both anthraquinones are comparable, i.e., 6.5 +
0.31 x 101 mol cmr2 for 1,5-DMAQ and 6.7 = 0.43 x 10™ mol cm'2 for 1,2,4-AQASH.
The values for the strength of adsorption, calculated from the Frumkin isotherm in the
single component monolayers are similar, i.e., 3.44 £0.21 x 105 M'1and 4.89 % 0.24 x
10s M'1 for 1,5-DMAQ and 1,2,4-AQASH, respectively. Therefore, it is reasonable to
expect that equimolar mixed solutions of 1,5-DMAQ and 1,2,4-AQASH would yield a
monolayer in which the surface coverages of the two anthraquinones would be
comparable. However, Figure 17 shows that 1,5-DMAQ is preferentially adsorbed onto
the mercury surface when monolayers are formed from a mixed deposition solution.
Cyclic voltammograms of a solution containing 0.5 pM 1,5-DMAQ and 5 pM 1,2/4-
AQASH result in a sub-monomonecular film, where the surface coverage of 1,5-DMAQ
is 1.8+ 0.2 x 10” mol cm'2and the surface coverage of 1,2,4-AQASH is 1.7 + 0.3 x 10’
11 mol cm'2 In order to study the thermodynamics of monolayer formation for mixed
monolayers containing these two anthraquinone components a series of mixed
deposition solutions was prepared. Analysis of the data allows the extent of interaction
in these two component assemblies to be determined. The kinetics of monolayer

formation were also modeled.
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Figure 17. Cyclic voltammogram of a mercury electrode (A = 0.014 cm2 immersed in
a solution containing 0.5 (iM 1,5-DMAQ and 5 ((iM 1,2,4-AQASH (—) overlayed with
the response obtained from a 3 pM solution of 1,5-DMAQ (— and 3 J.M solution of
1,2,4-AQASH ( ). The solutions are 30:70 % v/v DMF:H20 containing 1.0 M HCIO4
as the supporting electrolyte. The scan rate is 5 Vs"1 Cathodic currents are up and

anodic currents are down.

4.2.7 General EC Properties of Two Component Monolayers

Figure 17 displays the cyclic voltammetric response of 1,5-DMAQ and 1,2,4-AQASH
when adsorbed on a mercury electrode surface from a mixed deposition solution. This
may be compared to the response obtained when monolayers are formed from
deposition solutions containing a single adsorbing species. The formal potentials are
seen to shift in a positive potential direction when part of a two component system. 1,5
DMAQ shifts by 24 + 4 mV, while 1,2,4-AQASH shifts by 47 + 2 mV. The positive
shift in both cases would indicate that both species are easier to reduce when part of a
two component assembly.7 This result clearly contrasts with that obtained by Forster
and O’Hanlon2s when studying the electrochemistry of 2,7-AQDS and 1,4-AQCIOH as

a two component assembly. In this study the formal potential of 1,4-AQCIOH was seen
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to shift in a positive potential direction, however the formal potential of 2,7-AQDS
shifted to a more negative potential, when part of a two component assembly. This
would indicate that these two anthraquinones interacted laterally on the electrode
surface through intermolecular hydrogen bonding interactions. 1,4-AQCIOH and 2,7-

AQDS act as electron donors and acceptors respectively in this system.

The peak-to-peak separation for 1,5-DMAQ and 1,2,4-AQASH when part of a two
component assembly is 5+ 0.25 mV and 3+0.21 mV, respectively. These values show
little variation from the single component results, which were discussed in Section 4.2.1
of this chapter. The voltammetric peak waves exhibit full width at half maximum
(FWHM) values of 49.5 + 1.83 mV for 1,5-DMAQ and 59.0 + 2.04 mV for 1,2,4-
AQASH. These values are both larger than the theoretical value of 45.3 mV for a
reaction that involves the transfer of two electrons.”’®& The larger FWHM values
compared to the expectations suggest that destabilising repulsive interactions exist

between adsorbates on the electrode surface.
4.2.8 Competitive Adsorption

The adsorption thermodynamic results presented in Section 4.2.3 of this chapter for
single component monolayers of 1,5-DMAQ and 1,24-AQASH suggest that
interactions existbetween dissimilar adsorbates on the electrode surface. 1,5-DMAQ
moleculesundergo  small repulsive interactions (g = +0.124), whilel,2,4-AQASH

molecules undergo attractive interactions (g = -0.529). In this section the competitive
Frumkin isotherm ****# is fit to adsorption data from mixed deposition solutions. This
adsorption isotherm allows a determination of the extent of interaction between like
molecules and also takes into account the interaction of two different molecules with
each other, i.e., the magnitude of interaction between 1,5-DMAQ and 1,2,4-AQASH
adsorbates. Equations (5) and (6) describe the competitive adsorption of the two

anthraquinone species, i and j, present in solution according to:

PA :71_ 1(1)9,|_ 0 exp(giiei +gijej) (5)
PiCj=ir”~-exp(gji0j+gy0) (©)
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where j and j are 1,5-DMAQ and 1,2,4-AQASH adsorbales, respectively. The
interaction parameters gjj and gX represent interactions between similar adsorbates,
while gjj represents interactions between dissimilar adsorbates. As previously stated, a
series of mixed solutions was investigated. Due to the fact that 1,5-DMAQ adsorbs to a
much greater extent than 1,2,4-AQASH it was important that the response obtained was
representative of a binary system. In order to ensure this, the concentration of 1,2,4-
AQASH was always in excess of 1,5-DMAQ and the surface coverage of the minor
component was at least 10 % of a dense monolayer. Table 4 contains details of the
results obtained from 15 mixed deposition solutions of 1,5-DMAQ and 1,2,4-AQASH.
This set of data provides a wide range of concentrations and surface coverages required
to give a true representation of the competitive adsorption observed in this two
component system.
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Table 4. Concentrations of 1,5-DMAQ and 1,2,4-AQASH in mixed monolayer systems

with corresponding surface coverages.

DMAQ Cone./pM  T/molcm'2  AQASH Cone./ pM r / mol cm'2

0.1 3.70 x 102 25 141 x 101
0.2 8.12 X 10'12 2.5 163 x 101
0.5 1.22 X 10'1 2.5 1.19x 10™
0.5 196 x 101 5 167x 101
0.5 1.60 x 10*" 7.5 103 x 101
0.7 2.16 x 10™ 20 2.89 x10'1
0.8 2.61 x 10* 10 2.11 x 101
1 1.89x 101 5 8.13x 101
1 270 x 101 10 1.02 X 10'1L
1 290 x 101 15 1.54 x 10"n
1 257 x 101 20 1.96 x1O'1
1 250 x 10 40 2.36 xIO'1
2 2.98 x 10" 20 1.74x 10™
25 5.40 x 10™ 15 1.15x10*"
3 2.11 x 101 15 1.20 x10'1
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Table 5. Saturation surface coverages, adsorption coefficients and Frumkin interaction
parameters for monolayers of 1,5-DMAQ and 1,2,4-AQASH as single and two

component assemblies.

r SAT, DMAQ/ mol CHI 2

T SAT, AQASH/ mol clu 2

Frumkin - Single
Component

1.43 +0.08 x 10‘10

9.44 +0.15 x 10™

Frumkin - Two

Component

1.19 + 0.05 x 10'10

889+ 0.22x 10'1n

PDVAQ/ M’ 3.44 £0.12 x 105 3.60 + 0.09 x 105
P AQASH/M 1 4.89 x0.11 x 105 2.72 £0.07 x 104
g DMAQ + 0.124 + 0.012
g AQASH - 0.529 + 0.010
g DMAQ, AQASH + 0.441 £0.024

By fitting the data presented in Table 4 to Equations (5) and (6) the theoretical Frumkin
concentration of 1,5-DMAQ (¢ ) and 1,2,4-AQASH (cj) may be determined for each
experimental concentration, where 0j = Ti/rsat. A solver model was set up in Microsoft
Excel where r s, gii, gjj, gij, Pi and Pj were named as variables. This model was run to
minimise the sum of square residuals between the experimental concentrations and the
values generated using the competitive Frumkin adsorption isotherm. If the model fits
the experimental data accurately a plot of the Cexptversus Qheory for both 1,2,4-AQASH
and 1,5-DMAQ should have a slope of 1. Table 5 contains the saturation surface
coverages of both anthraquinone derivatives within the two component monolayers and
the three interaction parameters as determined from the concentration dependence of the
experimental surface coverages using nonlinear optimization techniques. Figure 18
illustrates the correlation between the theoretical surface coverages obtained using these

parameters and those measured experimentally. For both anthraquinones, the

183



theoretical and experimental concentrations agree closely with a correlation coefficient
of 0.9944. Hence, the competitive Frumkin isotherm provides a satisfactory fit to the

experimental data.

Experimental Concentration /pM

Figure 18. Ability of the competitive Frumkin isotherm to predict the experimental
concentrations of 1,5-DMAQ (m) and 1,2,4-AQASH (a) within two component

monolayers.

Table 5, which outlines the difference between single and two component systems
yields the following conclusions. In the two component assembly the saturation
coverages of both anthraquinones are different to those in single component
monolayers. Tsat, i,5dmaq decreases from 1.43 + 0.08 x 10'10to 1.19 + 0.05 x 10'10 mol
cm'2 while rstl 124aqasn decreases from 9.44 + 0.15 x 10" to 8.89 + 0.22 x 10" mol
cm'2 on going from single to two component monolayers. When the two
anthraquinones adsorb competitively onto the electrode surface, the adsorption
coefficient of 1,5-DMAQ increases from 3.44 + 0.12 x 105 to 3.60 + 0.09 x 10s M'1
while the adsorption coefficient of 1,2,4-AQASH decreases from 4.89 + 0.11 to 2.72 =
0.07 x 104 M'L This confirms the preferential adsorption of 1,5-DMAQ in two

component systems. The Frumkin parameters also provide an insight into the nature



and strength of interactions that exist between both like and unlike adsorbates. The
interaction parameters describing self interactions, gi,s-DMAQ (gii) and gAQASH (gij) are
low; 0.012 and 0.010. These interaction parameters correspond to interaction energies
of 0.013 and 0.014 kJ mol"l. However, the interaction parameter between unlike
molecules, gis-DMAQ, 1,24-agash (gij) is + 0.441 # 0.024 indicating that significant
repulsive interactionsi8 exist between 1,5-DMAQ and 1,2,4-AQASH adsorbates. This
value corresponds to an interaction energy of 0.443 kJ mol"l. These interactions cannot
take the form of hydrogen bonding interactions in this mixed monolayer system as the
forces between the adsorbates are repulsive. The interactions may take the form of

electrostatic repulsion between adsorbed moieties.

The general electrochemical properties of mixed monolayer systems together with the
competitive adsorption isotherm fits can provide information as to the final arrangement
of adsorbates in the monomolecular film when equilibrium is reached. Scheme 2
illustrates two possible scenarios, (A) where adsorption results in a random distribution
of 1,2,4-AQASH and 1,5-DMAQ molecules, and (B) where 1,2,4-AQASH and 1,5-
DMAQ molecules separate into two domains. In the system under investigation in this
chapter the mechanism illustrated in Scheme 2(B) describes the data more accurately.
The interaction parameters for like adsorbates, gii and gjj are very small, 0.012 and
0.010, respectively. These interaction parmeters are so small that they can be
considered to be negligable. The interaction parameter for unlike adsorbates, gij is
+0.441, which implies repulsive interactions between adsorbates. Therefore, the
parameter which determins the structure of mixed monolayers is the repulsive
interaction between unlike adsorbates. The monolayer will segregate into two domains

as illustrated in Scheme 2(B).

185



Scheme 2. Schematic illustrating two possible mixed monolayer states that could be
obtained after reaching equilibrium. (A) randomly mixed monolayer, and (B) phase

separated mixed monolayer.

>
1

1,2,4-AQASH

o
1

1,5-DMAQ
(A) (B)
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4.2.9 Adsorption Dynamics in Two Component System

When 1,5-DMAQ and 1,2,4-AQASH adsorb onto the mercury electrode surface from a
mixed deposition solution, a short period of time is required for an equilibrium response
to be established. This adsorption process has been monitored for all the mixed
deposition solutions used to model the thermodynamics of adsorption in the previous
section of this chapter. The cyclic voltammetry data for a solution containing 1 pM 1,5-
DMAQ and 15 pM 1,2,4-AQASH is displayed in Figure 19. Initially the two
components are seen to spontaneously adsorb onto the mercury surface. Following this
initial adsorption step the voltammetric peak for 1,5-DMAQ increases in magnitude and
the response for 1,2,4-AQASH shows a concurrent decrease. The rate of increase is

proportional to the rate of decrease as illustrated in Figure 20.

15
10
5
A
3
6]
-5
-10

-0.05 -0.15 -0.25 -0.35 -0.45
Potential 1V

Figure 19. Cyclic voltammetry response of a mercury electrode immersed in a
deposition solution containing 1 pM 1,5-DMAQ and 15 pM 1,2,4-AQASH. Cyclic
voltammograms were measured at times of O (—), 45 (—), 90 ( ), 135 (—) and 180
seconds ( ) leading to equilibrium coverage. The arrows show the direction of peaks

with successive scans.
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It is evident from Figure 19 that the voltammetric curves for 1,5-DMAQ and 1,2,4-
AQASH, taken at various stages of the adsorption process have a common crossing
point at -0.036 + 0.003 V. This well defined point is known as an isopotential point
and can only occur in a series of current-potential curves at an electrode when the
potential scanning program is the same for all experimental run; such is the case here.
Bruckenstein et al.40 and Wasberg4l propose that a common intersection point in
current-potential curves occurs when the two electroactive species adsorb to a different
extent initially. The electrode behaves as if it consists of two independent
electrochemical regions. As time proceeds one adsdrbate is displaced by the other, but
the total surface coverage remains constant at all times. This mechanism explains the
experimental data in two component monolayers of 1,5-DMAQ and 1,2,4-AQASH, as
illustrated in Figure 20 below. Similar adsorption kinetic behaviour has been reported
by Tirado and Abruna,7 when studying self assembling monolayers based on transition

metal complexes of osmium and ruthenium.

Time |s

Figure 20. Surface coverage as a function of time for a deposition solution containing
1 |JiM 1,5-DMAQ and 15 pM 1,2,4-AQASH, made up in 70:30 % water:DMF
containing 1 M HCIO.: as the supporting electrolyte. (m) and (>) represent the
desorption and adsorption of 1,2,4-AQASH and 1,5-DMAQ respectively, and (¢) is the

sum of the desorption and adsorption surface coverages at each time.
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The exchange dynamics presented for the two component assembly have been modeled
to determine the rates of adsorption and desorption in this system. The desorption of
the voltammetric peak due to 1,2,4-AQASH follows first order kinetics, as illustrated in

Figure 21. The rate constant for this desorption process is 6.4 x 10'3cm s'L

Time | s

Figure 21. First order kinetic plot for the desorption of 1,2,4-AQASH from a mercury
electrode surface. The deposition solution contains 1 pM 1,5-DMAQ and 15 pM 1,2,4-
AQASH. Solutions were prepared in 70:30 % water:DMF with 1.0 M HCIO4 as the

supporting electrolyte.

Adsorption of 1,5-DMAQ was fitted using the same model used to explain the
adsorption process of 1,5-DMAQ as a single component monolayer. This model
accommodates two limiting cases, one where diffusion of the electroactive species is the
rate limiting step and the second where adsorption and surface reorientation at the
electrode surface is rate limiting. The best fits obtained from both models are presented
in Figure 22. The model, which adequately described the experimental data over the
time period investigated was the surface reorganisation model. The optimized

parameters generated using this model predi'cted a value of 4.02 x 10’1 n"}ol %m' for



saturation coverage of 1,5-DMAQ and a value of 2.53 x 10'3cm s'l for the Kkinetics of

surface binding and reorganization.

Time /s

Figure 22. Evolution of the surface coverage of 1,5-DMAQ from a deposition solution
containing 1 pM 1,5-DMAQ and 15 pM 1,2,4-AQASH. Solutions were prepared in
70:30 % water:DMF with 1.0 M HCI0O4 as the supporting electrolyte. The data points
are experimental results for a 1,5-DMAQ, with error bars representing data taken from
three independently formed monolayers. The solid and dashed lines represent the best
fits to the adsorption and diffusion models respectively. The inset shows the residuals

for both the adsorption (m) and diffusion (a) models.
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4.2.9.1 Mechanism ofMonolayer Form ation

Having investigated the general electrochemical properties of the binary monolayer
system and the Kkinetics, which lead to an equilibrium response a mechanism for the
formation of a monomolecular film can be proposed. Scheme 2 proposed the
equilibrium structure of mixed monolayers of 1,5-DMAQ and 1,2,4-AQASH.
Adsorbates are segregated on the electrode surface with preferential interaction between
dissimilar adsorbates, this is reflected in the interaction parameter, gy, +0.441 + 0.024,
implying repulsive interactions between adsorbates. The mechanism, which leads to

equilibrium coverage is displayed in Scheme 3 and proceeds as follows:

1. 1,5-DMAQ and 1,2,4-AQASH spontaneously adsorb onto mercury from a
mixed deposition solution and attain maximum surface coverage for the

concentration present in solution.

2. As time proceeds 1,2,4-AQASH spontaneously desorbs from the electrode
surface at a rate of 6.4 x 10'3 cm s'l. Desorption follows first order Kkinetics.
1,2,4-AQASH desorbs because this anthraquinone derivative is less strongly
bound to the electrode surface than 1,5-DMAQ in a two component assembly.
The adsorption coefficients for 1,2,4-AQASH and 1,5-DMAQ are 2.72 + 0.07 x

104 and 3.60 = 0.09 x 10\ respectively.

3. As surface sites become available 1,5-DMAQ adsorbs on the electrode surface at

arate of 2.53 x 10"3cm s'l.

4. It is evident from the results that the rate of desorption is slightly faster than the
rate of adsorption. This may be due to species in solution weakly associating
with 1,2,4-AQASH on the electrode surface, thus enhancing the rate at which
this anthraquinone desorbs from the surface. However, this association between
species in solution and adsorbates on the electrode surface would have to be to a
very small extent, as the total surface coverage remains constant over the time
period analysed. The system is at equilibrium at all times, as illustrated in
Figure 20. Desorption kinetics of 1,2,4-AQASH were also accurately modelled
by a first order rate law, indicating that electroactive species in solution do not

contribute to the desorption mechanism.
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Scheme 3. Proposed mechanism for the desorption of 1,2,4-AQASH and simultaneous
adsorption of 1,5-DMAQ onto a mercury electrode surface from a mixed deposition
solution. Step (A) is rapid, steps (B) and (C) are transition states which occur
simultaneously, thus maintaining T constant at all times; step (D) shows the system

when equilibrium surface coverage is reached.

$ =1,2,4-AQASH
o = solvent and/or ions
# =15-DMAQ
(A) 1,2,4-AQASH and 1,5-DMAQ (li) 1,2,4-AQASH
spontaneously adsorb on mercury. spontaneously desorbs.
(C) 1,5-DMAQ adsorbs from (D) Equilibrium surface coverage of
solution. mixed monolayer.
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4.3 Conclusions

The first section of this chapter focused on the electrochemical properties of 1,2,4-
AQASH, which spontaneously adsorb on the surface of a mercury electrode. Fitting the
experimental data to the Langmuir and Frumkin isotherms, as in the previous chapter
revealed that the Frumkin isotherm provided a better fit. It is interesting to note the
effect of the presence of 30 % DMF in the deposition solution on the adsorption
parameters of 1,2,4-AQASH. The adsorption coefficient, P decreases considerably
from that observed when adsorption is carried out from deposition solutions made up in
distilled water. This decrease is thought to be due to a decrease in the strength of
hydrophobic interaction of the organic molecule with the mercury surface in the
presence of DMF. In all other aspects the electrochemistry of 1,2,4-AQASH was

similar to that reported in Chapter 3.

The adsorption kinetics of 1,5-DMAQ, which leads to an equilibrium surface coverage
was looked at in detail in this chapter. The experimental data was fit to a number of
models, including 1st and 2rd order, diffusion and adsorption. The change in the cyclic
voltammetric reponse over time is thought to be due to reorganization of adsorbates on
the electrode surface. The anthraquinone molecules reorient from a perpendicular or
tilted conformation to a parallel conformation. This orientation maximizes the
interaction of 1,5-DMAQ molecules with the mercury surface and thus the overall

stability of the system.

The latter part of this chapter dealt with the investigation of two component
anthraquinone monolayers adsorbed on mercury. The two adsorbates were seen to
interact laterally, and this interaction was modeled using the competitive Frumkin
isotherm. This allowed a determination of the extent of interaction between similar and
dissimilar adsorbates. Coadsorption was seen to have a significant effect on the
strength of adsorption of the two molecules also. 1,5-DMAQ was seen to be
preferentially adsorbed from mixed deposition solutions. This result was confirmed by
the optimized parameters obtained from the competitive Frumkin isotherm. Also based
on the cyclic voltammetric response it is believed that mixed monolayers segregate into

two phases, rather than random distribution of adsorbates on the electrode surface.
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The Kkinetics of monolayer formation were modeled. 1,2,4-AQASH spontaneously
desorbs from the electrode surface and 1,5-DMAQ adsorbs on the available surface
area. The desorption kinetics were modeled by a first order process, while the kinetics

of surface binding and reorganization best described the adsorption of 1,5-DMAQ.
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C hapter 5

Coupled Proton and Electron Transfer in I-amino-2-sulphonic-

4-hydroxyanthraquinone Monolayers



“You may be disappointed ifyou fail, but you are doomed if you don’t try.”

Beverly Sills



5. Introduction

The model chemical system used in this work to study fast heterogeneous electron
transfer at a mercury electrode surface is l-amino, 2-sulphonic, 4-
hydroxyanthraquinone. These molecules adsorb on mercury to form tightly bound
monolayers,1 as seen from the parameters calculated using the Frumkin adsorption
isotherm in Chapter 3. Both redox forms are stable and the CV response at low pH is
that expected for an adsorbed moiety.2 Hence, diffusion processes are totally excluded
in this system and will not affect the voltammetric response. Another important
prerequisite when choosing a system to study electron transfer dynamics is whether the
molecules dissolve in water. It is better to perform experiments in acidic aqueous
solutions as the solution resistance is decreased. Using aqueous solutions coupled with
microelectrodes leads to reduced iR drop and cell time constant.3 When these
conditions are fulfilled the fast electron transfer rate constant, expected for adsorbed

1,2,4-AQASH molecules may be measured more accurately.

A significant feature of the electrochemistry of anthraguinone molecules is that proton
and electron transfer are coupled. Much research effort has focused on the elucidation
of proton and electron transfer rates since the 1950s. Vetter45 published a number of
papers detailing the electrochemistry of p-benzoquinone/hydroquinone adsorbed on a
platinum surface. In the 1980s Laviron6789 published extensive theoretical studies
detailing the mechanism of proton coupled electron transfer. These contributions focus
on anthraquinone derivatives, which undergo a two electron-two proton redox reaction.
A scheme of squares is introduced in these papers, which includes all the intermediates
possible in the conversion of an anthraquinone molecule to a hydroquinone structure.
This scheme of squares, also known as the “nine-member box scheme” is implemented
in this work to elucidate the sequence of electron and proton transfer for 1,2,4-AQASH

monolayers in reduction and oxidation directions.

In this chapter, the relative rates of proton and electron transfer are probed over a wide
pH range. The potential waveforms wused are cyclic voltammetry and
chronoamperometry. The experimental data is fit to theoretical models proposed by
Butler and Volmer as well as Marcus to elucidate electron transfer rates. These theories

have been described in detail in Chapter 1 of this thesis. The apparent heterogeneous
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electron transfer rates are then compared with proton transfer rates to determine the rate
limiting step at low and high pH. Further experiments are performed to determine the
potential and proton concentration dependence of the kinetics of electron transfer.
Finally a mechanism for the reduction and oxidation processes at low and high pH is

proposed.
5.1 pH Dependence of the CV Response

In order to gain some insight into the rate limiting steps at low and high pH cyclic
voltammograms were recorded as the proton concentration in solution was changed. In
the experimental procedure a 5pM anthraquinone solution was made up in 1 M HCIO4,
which recorded an initial pH o0f-0.02. The pH of this solution was varied by addition
of concentrated NaOH. The CV responses in Figure 1 were cycled between positive
and negative potential limits until a time independent response was attained. At low pH
the voltammetric response is close to ideal, the peak current at any pH increases linearly
with scan rate, as expected for an adsorbed moiety.2 The ratio of the anodic to cathodic
peak current is indistinguishable from unity, indicating that the redox reaction is fully
reversible. However at higher pH values the cathodic and anodic peaks broaden, both
peaks decrease in magnitude, with the anodic peak decreasing to a greater extent. This
would indicate that the redox reaction is less reversible at higher pH. Another notable
feature of the CVs is that the formal potential is seen to shift in a negative potential
direction up to a pH of 4.11. However, the formal potential of the CVs recorded at
higher pH values do not depend on the proton concentration. This pH dependence of
the formal potential can be analysed using the Nernst equation2'1011 to gain an insight

into the mechanism ofthe redox reaction of 1,2,4-AQASH.
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Figure 1. Cyclic voltammograms for a 5pm radius mercury electrode immersed in a
5pM solution of 1,2,4-AQASH as the pH of the solution was changed using
concentrated NaOH. The pH values are, -0.02 (—), 1.49 (—), 3.53 (—), 4.11 (—), 5.93
( ), and 8.22 (—). The initial pH is -0.02 and the scan rate is 5Vs'\ cathodic currents

are up and anodic currents are down. The initial potential is 0.1 V.

It has been widely accepted in literature8912' 314151617 that the mechanism of proton
and electron transfer varies with pH. Figure 2 illustrates how the formal peak potential
depends on the solution pH. This method of analysis has been reported by a number of
research groups, T in an attempt to elucidate the redox mechanism of
anthraquinone derivatives in oxidation and reduction directions. From this graph it can
be seen that the peak potential shifts in a negative potential direction as the solution pH
increases with a slope of 61.4 £ 2.1 mV. This value is indistinguishable from the
Nemstian slope of 59 mV pH"l, indicating that over this pH range, quinone, Q, is
converted to hydroquinone, H2Q, by a two electron two proton mechanism. In the pH
range 5.71 to 10.22 the slope of the graph is 14 + 1.0 mV. The formal potential over
this pH range is much less dependent on proton concentration and this would imply that
electron transfer is essentially independent of proton transfer at high pH. It is possible

that reduction of the monolayer causes depletion of the interfacial proton concentration,
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as the availability of protons is significantly reduced at high pH. This would mean that
the monolayer exists as a deprotonated hydroquinone when reduced. The redox
mechanism is more complicated than at low pH as discussed in Section 5.4.1 of this
chapter. This section will also propose a mechanism by which quinone, Q, is reduced to
hydroquinone, H2Q, at low and high pH. The analysis is based on the potential
dependence with pH, and the relative rates of proton and electron transfer over the pH

range 0-12.

pH
Figure 2. pH dependence of the formal potential. The concentration of 1,2,4-AQASH
is 5 UM with 1 M HCIO4 as the supporting electrolyte. The solution pH was varied
from -0.02 to 10.22 using concentrated NaOH. Where error bars are not visible, the

error is comparable to the size of the symbol.
5.1.1 Relative Rates of Proton and Electron Transfer

The ultimate objective of this work is to propose a mechanism for the
oxidation/reduction reaction of 1,2,4-AQASH. In proposing such a mechanism, the rate
of proton transfer relative to the rate of electron transfer has to be considered. This
chapter deals with the elucidation of electron transfer rates from experimental data by a
number of methods. The rate of proton transfer is approximated here over the pH range

1 to 6. These values are compared with the experimentally determined values for
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electron transfer to determine whether proton or electron transfer is the rate limiting step

in the redox reaction at low and high pH.

The thickness of the H+ depletion layer, 8, and thus the time it takes for a proton to

30

*
di?fuse to the electrode surface may be calculated using Equation (1),
8(t) = VrcDt (¢H)

where 8 is the depletion layer thickness and D is the proton diffusion coefficient

(9.30 x 10'5cm s']).

pH

Figure 3. The dependence on the rate of proton transfer on the pH of the solution in the

pH range 0-6, the proton transfer rate was calculated as outlined in the text.

The depletion layer thickness increases from 3.56 x 108cm atpH 1to 3.17 x 106cm at
pH 3 and further increases to 8.59 x 10"4cm at pH 6. From Figure 3 the rate of proton
transfer has been approximated as 1012 to 107 s'l in the pH range 0-3. The proton
transfer rate decreases to 105s'l at pH 4 and further decreases to 103s'lat pH 5. This
data shows that the rate of proton transfer is very fast at low pH values, the electron
transfer rates are in the range 105to 104 s’1from pH O to 5. Therefore, electron transfer

is determined to be the rate limiting step in low pH solution and may be measured
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accurately without being effected by proton transfer. Sections 5.2 to 5.4 will present the
experimental results obtained in the elucidation of electron transfer rates, primarily in
low pH media. In the latter section of the chapter a mechanism detailing the sequence

of proton and electron transfer is proposed, based on the experimental results.
5.2 Rapid Scan Rate CV of 1,2,4-AQASH

In potential sweep measurements, when the timescale of the experiment becomes
comparable to the rate of heterogeneous electron transfer the cathodic and anodic peaks
in a cyclic voltammogram split apart and kinetic information can be obtained.1920 The
timescale of an experiment can be changed by varying the scan rate. This method of
estimating the heterogeneous electron transfer rate has been implemented in this work to
determine the heterogeneous electron transfer rate of 1,2,4-AQASH adsorbed on a
mercury microelectrode. The peak-to-peak splitting at high scan rates has been fitted to
two models; Laviron, which is based on the Butler Volmer2,2 theory of electron
transfer, and a recently developed computer based theoretical model based on the

Marcus2324.25 theory.

In determining the electron transfer rate for 1,2,4-AQASH adsorbed on a mercury
electrode surface the scan rate has been changed from 2 to 4000 Vs'l. The peak-to-peak
separation is seen to increase significantly over this scan rate range, scan rates in the
interval 80 to 2000 Vs'lare illustrated in Figure 4. CVs were run using a 5 pM solution
of 1,2,4-AQASH with 1 M HCIO4 as the supporting electrolyte, this concentration of
anthraquinone in solution is known to give saturation coverage. When using cyclic
voltammetry data to calculate heterogeneous electron transfer rates an important
consideration is the existence of ohmic drop at high scan rates. As the scan rate
increases the peak current increases and hence iR drop increases. To counteract this
effect mercury microelectrodes were used in this work. The fabrication procedure is
outlined in Section 6.1.2 of Chapter 6. The solution resistance measured at micrometer
sized electrodes is dramatically larger than that at a macroelectrode, however the
currents measured are decreased typically by 6 orders of magnitude.26 Therefore
microelectrodes are less affected by iR drop as the scan rate of the experiment is

increased.
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Figure 4. Scan rate dependence of the cyclic voltammetry response of a 5 pm radius
mercury electrode immersed in 5 pM solution of 1,2,4-AQASH with 1M HCI0O4 as the
supporting electrolyte. The potential limits are 0.2 and -0.6 with the initial potential set

at 0.2 V. The scan rates are 2000 (—), 800 ( ), 500 ( ) and 80 Vs'1( ).

Chronoamperometry has been used to calculate the resistance of the mercury
microelectrodc used to measure the CV responses displayed in Figure 4 above. The
resistance has been measured as 1175 Ohms for the 5 pm radius mercury electrode.
Using this value and the limiting current from cyclic voltammetry at each scan rate the
iR drop can be estimated as the scan rate increases. As seen in Figure 5 iR drop at low
scan rates is very low, only 0.580 mV at 100 Vs'l, however it increases to 8.1 mV at
2000 Vs'1and 15.2 mV at 4000 Vs'l. However, when one takes into consideration the
peak-to-peak separation at these scan rates it is evident that, while ohmic drop effects
introduce some error into the calculations, they have no significant effect on the kinetic
parameters calculated from the CV data. The separation between the cathodic and
anodic peaks is 43, 160 and 220 mV at scan rates of 100, 2000 and 4000 Vs'l,

respectively.
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Figure 5. Calculated Ohmic potential drop at a 5 pm radius mercury electrode
immersed in a 5 pM solution of 1,2,4-AQASH with 1M HCIO4 as the supporting
electrolyte. The scan rate was varied from 2 to 4000 Vs-1. Peak currents obtained from
the experimental data in Figure 1 and resistance was obtained from chronoamperometric

measurements.

To further probe the reliability of the experimental results obtained by increasing the
scan rate in cyclic voltammetric measurements the CH instruments 660A software has
been used to simulate CV responses under the same conditions as an experiment. The
simulation is based on the Butler Volmer theory of electron transfer and should
therefore give the same result as that obtained by fitting experimental CV data to the
Laviron formulation outlined in Section 5.2.2. The parameters inputted to simulate the

CV response are:

> High and low potential limits, initial potential, scan rate and sensitivity; these
parameters were set the same as the experimental values used to generate the CV

data fitted to the Laviron formulation and Marcus theory.
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> The formal potential of the redox species, obtained from the slow scan CV
response, and the expected heterogeneous electron transfer rate constant,

obtained from cyclic voltammetry and chronoamperometry measurements.

> The surface coverage of the electroactive species on the electrode surface; the
surface coverage fora 5 pM 1,2,4-AQASH solution was used in the simulations

as this is known to yield saturation surface coverage, 1.1 x 1010 mol cm'2.

> The electrode area, obtained from the experimental determination of the mercury
electrode area after the deposition process. The electrode area was determined
by measuring the faradaic current due to the oxidation and reduction of an
electroactive species in solution. The redox probe used in these experiments
was 5 pM 1,2,4-AQASH, which has been shown to adsorb on mercury to yield

monolayer coverage.

Simulations have been run for a number of scan rates to determine if the experimental
data is consistent with Butler Volmer theory. The experimental response at 4000 Vs'l
and the predicted response from the simulation are overlayed in Figure 6 for
comparison. The separation between the cathodic and anodic peaks in the experimental
CV is 220 mV. This compares with a peak-to-peak separation of 206 mV estimated
from the simulated CV data. The difference between the experimental and simulated
data is 14 mV. This value of 14 mV may be attributed to iR drop, as this would not be
predicted by the CH instruments simulated CV. iR drop calculated from
chronoamperometry data and the limiting current in CV at a scan rate of 4000 Vs'lwas
15.157 mV. Therefore the results from the model are remarkably consistent with the
experimental results presented in this chapter thusfar. The experimental CV data
adhere to the Butler Volmer theory of electron transfer and are only negligibly affected

by ohmic drop effects.

Analysis of the model fit to the experimental data points in Figure 6 shows that a better
fit to the cathodic peak potential points is obtained than to the anodic peak potentials.
The Butler Volmer theory is designed to find a standard rate constant. It is assumed that
the forward and reverse rate constants are equal. However, it would appear from the
experimental cyclic voltammogram that the cathodic and anodic rate constants are

significantly different. This theory can be tested through chronoamperometric
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measurements, as it is possible to measure the cathodic and anodic rate constants

separately.

Potential | V

Figure 6. CV response for a 5 pm radius mercury electrode (—) immersed in 5 pM
solution of 1,2,4-AQASH with 1M HCIO4 as the supporting electrolyte. The potential
limits are 0.2 and -0.6 with the initial potential set at 0.2 V. (=) represents the
simulated CV response generated using the CHI 660A software, which is based on the

Butler Volmer theory of electron transfer. The scan rate for both CVs is 4000 Vs'l
5.2.1 Simplex Algorithm Method

A computer based CV simulation model developed by Loughman and Forster27 has
been implemented in this work to estimate heterogeneous electron transfer rates. This
model differs from the simulation produced using the CHI 600A software as this model
is based on the Marcus theory of electron transfer. The simplex algorithm method is
also specifically developed to predict electron transfer rates of adsorbed species as
opposed to freely diffusing species in solution. Previously published models by Finklea
and Hanshew,28 Chidsey,29 as well as Weber and Creager,30 also based on the Marcus
theory allowed the variation of a number of parameters, namely the heterogeneous

electron transfer rate constant, k° and the reorganization energy, X The primary
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difference in those models and the model implemented in this work is that a fitting

algorithm is incorporated in this simulation allowing the full CV to be modeled.

The algorithm, which was developed by Nelder and Mead3l is known as the simplex
and was coded into the model by means of a Microsoft Excel macro. A detailed
description of the algorithm will not be given here as it is beyond the scope of this work
but is available from the PhD thesis presented by Paul Loughman.2Z7 It is sufficient to
mention in this work the fitting parameters, which are used to minimize the sum of
squares between the experimental and theoretical CV responses. These include k° and
X, similar to the parameters used in previously developed models based on the Marcus
theory. However, using the simplex algorithm it is possible to vary both of these
parameters at the same time, and hence a more accurate estimation of the rate constant
is obtained, than would be possible if the parameters were changed one at a time. This
method works by minimising the sum of squares of the differences between each point
on the theoretical CV and the experimental CV. Therefore, using the full CV curve in
the fitting model will allow the experimental curve to influence the result generated by

the simplex and thus yield a more accurate estimation of the rate constant.

In the adiabatic model the cathodic rate constant at a given overpotential is given by an

integral over energy (e) of three functions.

(1) The Fermi function for the metal, n(e)

(2) A Gaussian distribution of energy levels for acceptor states in the monolayer,
Dox(e).

(3) A probability factor describing electron tunneling at a given overpotential,
P(e).

@
K, in) = A\n(e)DXX(£)P(e)de 2

00
In electron transfer theory the extent of interaction or electronic coupling between the
reactant and electrode is described in terms of adiabaticity. When the interaction is
strong it is termed adiabatic, and the probability that the reaction will proceed from
reactant to product state is high. This has been discussed in more detail in Section

1.2.3.2 of Chapter 1 of this thesis.
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The zero point of energy is taken as the Fermi level of the metal at a particular
overpotential. The Fermi function describes the distribution of occupied states within

the metal and is described by Equation (3):

n(e) = (3)

where kg is the boltzmann constant. The density of states for the adiabatic model is

derived from the Marcus theory and can be represented by Equation (4):

(e+rj-X)1
4KaAT

(4)

where X is the reorganization energy. The rate parameter for electron tunneling for the

adiabatic model is approximated by Equation (5):

/>(*) = EB~e el xp(~/ad) )

where Eb is the average barrier height at zero overpotential and d is the electron transfer
distance. P is the tunneling constant and is given by Equation (6):
12
P = (6)
where m is the mass o f the electron.

In the adiabatic model the anodic rate constant at a given overpotential is obtained by
replacing n(e) by its compliment I-n(s), and substituting Do*(s) with DRed(e), where -X

is replaced with +/L
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The input parameters to the model are as follows:

> Radius of the microelectrode in pm.

> Temperature in Kelvin.

> Resolution, which is the interval of overpotential used in the calculation of the

individual theoretical currents in the simulation.

> The scan rate used to generate the experimental data in Vs'L

> Overpotential range for the simulation. Simulations are only run for cyclic
voltammograms run at fast scan rates where the separation between the cathodic
and anodic peak is large. Under these conditions the overpotential range is set

over a large scan range.

> Formal potential of the redox species, obtained from the experimental CV data.
This parameter is important as it determines the position of the simulated CV

response on the potential axis.

> An estimate of the distance of the redox center from the electrode surface. In the
case of adsorbed anthraquinone moieties this distance is expected to be quite

short and is set between 4 and 5 A.

> Estimates of the heterogeneous electron transfer rate, k° and the reorganization
energy, A. In fitting the experimental data in this work it was preferred to input
entirely random values for these two parameters. This ensured a non-biased
starting point for the simplex algorithm each time and facilitated testing of the
model for the system under investigation in this work. When fitting the
experimental data to this model the Simplex was run a number of times for each
CV, changing the input parameters for k° and X each time. If the same result
was attained from repetitive runs the true minimum was found. Hence, the

results were taken to be reliable and correct for the system under investigation.
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Rapid scan rate cyclic voltammograms were analysed using the Marcus model, i.e. scan
rates in the range 800-4000 Vs’'lwere modeled. In order to model the experimental CV
responses the CVs had to be background corrected, i.e., the capacitive current had to be
subtracted from the current response. The model has been extens‘ively tested’ to probe
the effect of background charging current in experimental cyclic voltammograms. From
these tests it was concluded that the value for the heterogeneous electron transfer rate
constant, k° was not particularly sensitive to the background current. However, the
reorganization energy, X was estimated more accurately when background current was
subtracted from the CVs. Figure 7 shows the CV model fits at scan rates from 800 to

4000 Vs'l. The optimized parameters predicted by the model are presented in Table 1.

In order to test the ability of the CV fitting model described in this section to
approximate heterogeneous electron transfer rate constants it has been fit to
experimental data over a range of scan rates. The system under investigation here is
1,2,4-AQASH adsorbing on a mercury electrode surface. These molecules are
spontaneously adsorbed on mercury and are approximately 4-5 A from the electrode
surface. Therefore, it is expected that the rate constants will be fast in comparison to
those determined for alkanethiol systems or osmium complexes. Both of these
adsorbates are held further from the electrode surface, approximately 15 to 20 A, 3

resulting in slower electron transfer rates, in the range 103s'1.293334'3%
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Figure 7. Cyclic voltammograms showing the adsorbed monolayer response from a
5fiM solution of 1,2,4-AQASH at scan rates of 800, 2000 and 4000 Vs'l. The solid
lines denote experimental data, while (") denotes the best theoretical response
generated using the adiabatic electron transfer model for the cathodic and anodic

branches.

Table 1. Table ?. Optimised parameters for k° and X obtained from the simplex

algorithm electron transfer model at various scan rates.

Scan Rate/Vs'l k°ET/ S4 Aos/kJ moll
800 9.37 x 103 17.9
1000 8.74 x 103 24.4
1333 9.97 x 103 23.9
2000 4.31 x 103 10.4
4000 3.01 x 103 15.6
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When evaluating the ability of the CV model to determine heterogeneous electron
transfer rates a number of points are significant. Firstly, as outlined earlier at low scan
rates, (below 600 Vs'l), the CV response shows negligible peak-to-peak splitting and
the CVs contain no kinetic information. The model generates no theoretical results as
expected. However at scan rates of 800 Vs'l and above the model is capable of
predicting values for k° and X The model fits illustrated in Figure 7 at the lower scan
rates would appear to approximate the experimental data quite well, the peak potentials
and full width at half maximum of the experimental CVs are accurately traced by the
model data. However, at a scan rate of 4000 Vs’'1the simplex algorithm is not capable
of providing a good fit for the anodic branch of the CV. The same trend is seen in the
optimized parameters obtained from the model presented in Table 1. At scan rates up to

1333 V there is little variation between the rate constants, however the values

obtained for scan rates of 2000 Vs'l and above are seen to deviate. This should not
happen if the CV model is capable of approximating the rate constant accurately; the
rate constant should be the same at all scan rates. The CV model is designed to find a
value for the standard heterogeneous electron transfer rate constant, similar to the CH
Instruments Butler Volmer fits presented in an earlier section of this chapter. If the
forward and reverse rate constants are different the Marcus model does not predict
different apparent rate constants. An evaluation of the results obtained from the cyclic
voltammetry and chronoamperometry measurements to calculate electron transfer rates

is discussed in detail in Section 5.4.

A theoretical value for the outer sphere reorganization energy has been calculated using

Equation (7). This outer sphere component refers to solvent reorganization effects.

AE2 1]
8ne0 X J , £ op, e s>

where e is the absolute electronic charge, 1.602 x 10'9 C, r is radius of the
anthraquinone molecule, 4A, Re is the reactant image distance, Eopt is the optical
dielectric constant of water, 5.5, and es is the static dielectric constant, 78.5. As in
previous calculations the reactant image distance has been neglected for electrochemical
reactions, i.e., Re —»00.323% Equation (7) yields a value of 56 kJ mol"l for the outer

sphere reorganization energy. The values generated by the model for the total
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reorganization energy, Atoa were seen to be consistent at low scan rates, in the range
17.9 to 23.9 kJ mol'l. However, at a scan rate of 2000 Vs'l, a.wwi decreases to 10.4 kJ
mol’l and increases to 15.6 kJ mol'l at a scan rate of 4000 Vs'l. Values for the total
reorganization energies predicted by the Simplex algorithm model deviate considerably
from the theoretical value for outer sphere reorganisation determined from the Marcus
theory. It is thought that the CV model is capable of predicting Xtoa over a limited scan
rate range. The actual outer sphere reorganization does not exceed 56 kJ mol'l and
according to the CV model is less. Therefore the total reorganization in this system is
dominated by outer sphere reorganization, inner sphere reorganization is not significant.
Unfortunately no experimental electron transfer studies, which involve fitting
experimental data to the Marcus theory have been published for anthraquinone
derivatives. Therefore a literature comparison of the outer sphere reorganization
determined for 1,2,4-AQASH in this work is not possible. However potential
dependent chronoamperometry measurements have been carried out in this work and
are presented in Section 5.3.1 of this chapter. Reorganisation energies are determined
for the oxidation and reduction reactions from best fits of the data to the Butler Volmer

theory of electron transfer.

Outer sphere reorganization energies in the range 43.45 to 67.61 kJ mol'l have been

29,36,37,38
with the reorganisation energy

reported previously for ferrocene alkanethiols
increasing with increasing chain length. Forster and Faulkner® have reported outer
sphere reorganisation energies for [Os(bpy)2CI(pNp)]+ monolayers, where bpy is 2,2'-
bipyridyl and pNp is either |,2-bis(4-pyridyl)-ethane, or 4,4'-trimethylenedipyridine
equal to 25.5 kJ mol'l, by fitting experimental data to the Marcus theory. In a study
carried out by Forster and O'Kelly® investigating the pH dependent electron transfer
dynamics of [Os(bpy)2(p3p)2] , where bpy is 2,2-bipyridyl and p3p is 4,4'-
trimethylenedipyridine, the rate of electron transfer is seen to depend on pH. The
reorganisation energy at pH 5.05 is 100 kJ mol'l, which decreases to 68 and 56 kJ mol'l,
at pH values of 3.10 and 1.07, respectively. At high pH inner sphere reorganization
contributes significantly to the total reorganization energy, however at low pH the
reorganisation energy is dominated by Acs- The reorganization energy for dense
monolayers of [Os(bpy)2py(p3p)]2+ where bpy is 2,2'-bipyridyl, py is pyridine, and p3p
is 4,4'-trimethylenedipyridine has been calculated40 to be 56 kJ mol'l, using the

theoretical Marcus equation. This value corresponds to the value from experimental
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data and so the total reorganisation is dominated by outer sphere reorganisation for this

complex also.

5.2.2 Laviron Method

Having concluded that iR drop has no significant effect on the CV response measured
using a micrometer sized electrode the experimental data was fit to the Laviron194l
formulation. The mathematical expression for the determination of the rate constant, k

is expressed in Equation (8):

k = anFvc = (1 - a)nFva
RT RT

where a is the transfer coefficient, n is the number of electrons transferred in the redox
reaction, v is the scan rate of the experiment and R, T and F have their usual meaning.
This method of estimating heterogeneous electron transfer rate constants is rapid but not
as accurate as chronoamperometry measurements presented below. This is due to a
number of factors; firstly it is assumed that the transfer coefficient, a, is equal to 0.5 in
the Laviron method. This assumption may or may not be true for the anthraquinone
under investigation here. Tafel plots constructed using chronoamperometry data allow a

determination of aaand ac, these results are presented later in this chapter.
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Figure 8. Laviron model for the determination of the heterogeneous electron transfer
rate constant for 1,2,4-AQASH adsorbed on a 5 pm radius mercury electrode. The
concentration of the AQ in solution was 5 pM, which yielded saturation coverage. The

supporting electrolyte was 1 M HCI0O4 and the pH of the solution was -0.25.

The scan rate range investigated in the data fit to the Laviron method is 2-4000 Vs'l. It
can be seen from Figure 8 that the peak potentials vary veiy little until high scan rates
are applied to the system. At scan rates above 200 Vs'l significant peak-to-peak
separation can be seen and these points have been linearised. The formal potential for
1,2,4-AQASH in acidic media is -0.236 V. The lines through the cathodic and anodic
points intersect the x-axis and these are the scan rates used to estimate the forward and
reverse rate constants. In the set of results illustrated in Figure 8 the lines intersect at
values of 2 and 2.25, the antilog of these numbers is 100 and 177.83 Vs'l, respectively.
These values can be substituted into Equation (8) to calculate a value for the rate
constants, which in this case works out to be 3.9 x 103and 6.9 x 103s'1 for the cathodic
and anodic processes respectively. This evaluation however is not very accurate, as the
constant peak separation of approx. 40 mV at scan rates up to 200 Vs'1is not due to the
kinetics of electron transfer. Therefore, the analysis method was modified by

subtracting the peak-to-peak separation at low scan rates from the separation at high
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scan rates. The results are illustrated in Figure 9. The line through the cathodic and
anodic points intersect the x-axis at 2.25 and 2.52. The antilog of these numbers is
177.82 and 331.13 Vs'l The cathodic and anodic rate constants were calculated as 6.9
x 103+ 1.1 and 1.3 x 104+ 1.0 s'l, respectively. These values show an increase from
those calculated using the data in Figure 8, however they are still lower that the rate
constants determined using the CV simulation model based on the Marcus theory and

the values determined from chronoamperometry.

Log Scan Rate 1Vs"1

Figure 9. Laviron model for the determination of the heterogeneous electron transfer
rate constant for 1,2,4-AQASH adsorbed on a 5 pm radius mercury electrode. The
supporting electrolyte was 1 M HCIO. and the pH of the solution was -0.25. The peak

separations at high scan rates have been corrected to correct for iR drop effects.
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5.3 Chronoamperometric Measurements

Chronoamperometry conducted on a microsecond timescale has been used to probe the
rate of heterogeneous electron transfer, k, across the metal/monolayer interface. This
high-speed technique allows for a more accurate determination of the heterogeneous
electron transfer rate than that obtainable from cyclic voltammetric measurements. This
is due to the fact that capacitive and faradaic currents are separated in this potential step
technique on a time domain. This is not the case in cyclic voltammetry measurements,
as outlined in the previous section. Cyclic voltammograms have to be background
corrected to elucidate kinetic data and the method by which this is done will inevitably
determine the reliability of the rate constant calculated. At high scan rates the
capacitive current is quite large and it can be difficult to extract the faradaic current

from the net current response accurately.

Chronoamperometiy involves stepping the potential from an initial potential value to a
final value, as described in Section 1.6.2 of Chapter 1. Following a potential step which
steps over the formal potential of the electroactive species a double exponential decay is
observed. This is due to the fact that double layer charging of the electrode and the
faradaic processes from the electroactive species have different decay rates.”"* The
decay rate of the charging process is exponential and faster, while the faradaic current
decreases with the square root of time.3 The rate at which the charging current decays
depends on the size of the electrode, the specific double layer capacitance and the
solution conductivity. In the experiments conducted in this section microelectrodes
were used and measurements were carried out in highly conductive solutions. This
combination results in a significant reduction in the cell time constant and ohmic drop

effects, as both current and solution resistance are minimised.
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Figure 10. Current response for a 5 pm radius mercury microelectrode immersed in a
5 pM solution of 1,2,4-AQASH following a potential step from +129 to -307 mV. The

supporting electrolyte is 1.0 M HCI104 and the pH of the solution is 0.14.

Figure 10 illustrates the response of a 5 pm radius mercury electrode immersed in a 5
pM solution of 1,2,4-AQASH in acidic media. The potential was stepped from +129 to
-307 mV. The formal potential of 1,2,4-AQASH equals -180 mV and thus the
overpotential applied in this step was 127 mV. This figure shows that the current
initially decays rapidly due to double layer charging, followed by a region where the
current response decays more slowly, corresponding to faradaic current flow. The
response time of this electrode can be obtained by analysing the capacitive current

according to Equation (9):243

W o-if exp 9)

where AE is the amplitude of the potential step in the chronoamperometry experiment.
By plotting Ln i(t) vs t the cell time constant and resistance can be calculated from the
slope and intercept of the graph respectively. In this experiment the response time of

the electrode has been calculated to be 1.14 ps. Meaningful kinetic data can be obtained
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at 5-10 times the RC time constant and thus faradaic responses have been probed at
longer times in the semilog plot. The faradaic response decays according to Equation

(10):294
i F(t) = kQexp(-kt) (10)

where k is the apparent rate constant for the overall reaction at a particular overpotential
and Q is the charge passed in the redox switching. The heterogeneous electron transfer

rate constant for 1,2,4-AQASH at low pH has been calculated from the slope of the

semilog plot as 9.6 = 1.1 x 104s'lL

Time | ps

Figure 11. Semilog plot of the current response for a 5 pm radius mercury
microelectrode immersed in a 5pM solution of 1,2,4-AQASH, which yields monolayer
coverage. The potential was stepped from +129 to -307 mV, overpotential, r] equals

127 mV. The supporting electrolyte is 1.0 M HCI104 and the pH of the solution is 0.14.
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5.3.1 Potential Dependence ofReduction / O xidation Rates

The potential dependences for the reduction and oxidation kinetics of 1,2,4-AQASH
have been investigated by stepping the electrode potential to different overpotentials. In
amperometric measurements, an increased potential step relative to the formal potential
increases the free driving force for the reaction and causes increased reaction rates to be
observed.2 As previously explained, the reaction rates are determined from an
exponential decay of the current following a potential step, which changes the redox
state of the electroactive species. Current time transients for applied overpotentials
ranging from 62 to 427 mV are displayed in Figure 12. The corresponding semilog
plots for the Faradaic reaction are illustrated in Figure 13, and the heterogeneous

electron transfer rates have been calculated from the slopes of these lines.

Time | ps
Figure 12. Current responses for a 5 pm mercury microelecrode immersed in a 5 pM

solution of 1,2,4-AQASH following potential steps where the overpotentials are 62 (—),

149 (—), 220 ( ), 340 ( ), and 427 mV (—), respectively.
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Figure 13. Effect of the various overpotentials on the Ln i(t) plots for a spontaneously
adsorbed 1,2,4-AQASH monolayer. The concentration of AQ is 5 pM, which yields
monolayer coverage. The supporting electrolyte is 1.0 M HCI10O.. Overpotentials of 62

(—), 149 ( ),220 (-), 340 ( ), and 427 mV ( ) were applied to the system.

Figures 12 and 13 show that there are substantial differences in the magnitude of the
currents observed as the overpotential is increased. It is also evident that the timescale
over which the faradaic current decays to zero decreases dramatically as the magnitude
of the overpotential is increased. Heterogeneous electron transfer rates obtained from
faradaic data are only meaningful at 5-10 times the response time of the electrode.4%
Therefore, it was necessary when carrying out these measurements to use a
microelectrode with a fast response time. In this way capacitive and faradaic currents
were well separated on the time domain and more accurate analysis of the data was

made possible.

The Butler Volmer theory of electron transfer models the potential dependence of the
reaction rates according to Equations (11) and (12). These equations have been

introduced in Section 1.2.2 of Chapter 1 of this document.
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e /—anF(E—E°‘)’\|
kf = k° exp (11)

v
(12)

where k° in Equations (11) and (12) is the standard rate of heterogeneous electron
transfer, i.e., at the formal potential where the driving force is zero. The forward
reaction refers to a reduction process and the reverse reaction refers to an oxidation
process. Taking the natural logarithm of the both sides of these equations leads to a set

ofequations known as the Tafel equations:

(13)
RT

(14)

where 1] is the overpotential and is defined as the difference between the applied
potential and the formal potential of the redox species. Plotting the potential dependent
data according to the Tafel equations yields straight line plots for reduction and
oxidation steps. A value for the forward and reverse rate constants can be calculated
from the intercepts of the straight lines in Figure 14, respectively. The experimental
results presented were attained at pH 0.14, and the overpotential was changed from 149

to 427 mV in the reduction direction and from 116 to 528 mV in the oxidation direction.

The apparent rate constant for reduction is 4.61 x 104 and for oxidation is 8.71 x 104s'l.
These values confirm the rapid nature of electron transfer for these adsorbed moieties,
as expected, as the molecules are adsorbed just 4-5 A from the electrode surface.
However it is evident from this result that the rate of the forward reaction (reduction)
exceeds that of the back reaction (oxidation). This observation has been reported
previously by Forster and Faulkner® in the elucidation of heterogeneous electron
transfer rates in monolayers of osmium polypyridyl complexes. In this study the
difference in electron transfer rates has been attributed to pairing effects, which causes
the formal potential in cyclic voltammetry and chronoamperometry to differ. lon

pairing cannot explain the difference in electron transfer rates observed in this work, as
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both the oxidized and reduced forms of 1,2,4-AQASH are uncharged. However if the
fast timescale in chronoamperometry could cause the formal potential of the oxidized
and reduced anthraquinone to differ this would explain the difference in the apparent

rate constants determined.

+46—

% 14
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\J 12.5
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Figure 14. Dependence of the Ln k on the overpotential for a spontaneously adsorbed
1,2,4-AQASH monolayer. The concentration of AQ is 5 pM, which yields monolayer
surface coverage. The supporting electrolyte is 1 M HCIO4. Data was collected using a

5 pm radius mercury microelectrode.

Forster and coworkers44464748 have published a number of electron transfer rate studies
focusing on analogous anthraquinone derivatives adsorbed on mercury. The
heterogeneous electron transfer rate constant for 2,6-AQDS monolayers is more than 50
times larger than that for 1,5-AQDS monolayers.34449 This large difference in electron
transfer rates was attributed to different film structures, and in particular extents of
hydrogen bonding for these two systems. This is supported by other
electrochemicals05. and scanning probe microscopy studiess2 of 2,6- and 1,5-AQDS,
which conclude that 2,6-AQDS intermolecularly hydrogen bonds when adsorbed on

mercury while 1,5-AQDS does not. By comparing the electron transfer rates of 1,2,4-
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AQASH with those of 2,6-AQDS and 1,5-AQDS, an idea of the presence and extent of
hydrogen bonding in 1,2,4-AQASH monolayers can be obtained. The rate of electron
transfer in 2,6-AQDS films is 6.7 x 104 s'], which is 62 times faster than for 1,5-AQDS
monolayers, 1.08 x 103s'l. The electron transfer rate for 1,2,4-AQASH is 6.66 x 104s'],
when the cathodic and anodic rate constants are averaged. This rate constant is equal to
that quoted for 2,6-AQDS. Hence, it can be concluded from these results that 1,2,4-
AQASH adsorbates undergo intermolecular hydrogen bonding, similar to 2,6-AQDS.
This supports the conclusions drawn from the spiked CV data in Chapter 3 of this thesis
also. Heterogeneous electron transfer rates for AQ monolayers, which do not hydrogen
bond are considerably lower, values such as 8.5 x 102and 9.9 x 103 have been reported

for 2-OHAQ47 and 2-AQCA48monolayers, respectively.

The transfer coefficients for reduction and oxidation were calculated from the slopes of
the lines in the Tafel plot. Under these low pH conditions the slopes for monolayer
reduction and oxidation were 7.46 and 6.05 V 'lrespectively. If n = 2, then ac = 0.096
and aa = 0.078. The sum of the transfer coefficients is far from the value of unity
predicted by the Butler Volmer theory of electron transfer. At this pH it is expected that
the redox reaction involves the transfer of two electrons. One explanation for the
extremely low transfer coefficients is that the reorganization energy is very low in this
system. The Butler Volmer model does not account for the situation where the
reorganization energy becomes comparable to the activation energy for the reaction. If
the reorganization energy were extremely low the entire data set presented in Figure 14
would lie in the Marcus inverted region discussed earlier and the slope of the graph
would decrease significantly leading to a low transfer coefficient. However, analysis of
the data and the discussion that follows shows that the reorganization energy is not that
low. Therefore the result is inconclusive and has not been reported before in the

literature for systems of this kind.

Another significant feature of the Tafel plot is that the apparent rate constant for
reduction becomes independent of potential from an overpotential of 0.3 V and above
for the oxidation reaction. This can be explained through the Marcus inverted region,
which predicts that the rate constant becomes independent of overpotential when the
activation energy becomes comparable to the reorganization energy. The reorganization

energy has been approximated from the overpotential as 28 kJ mol'l. This value for the
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total reorganization energy is in reasonable agreement with the values determined from
the simplex algorithm model presented earlier. Values in the range 17 to 23 kJ mol'l
were reported. However it is interesting to note that the reduction rate constants remain
dependent on the applied overpotential at least up to an overpotential of 0.43 V. The
reorganization energy in this case would have to be 43 kJ mol'l or greater, as it is not
known from these results the overpotential at which the apparent rate constant becomes
independent of potential. From these results the following can be concluded; the
oxidation reaction has a lower reorganization energy than the reduction reaction. The
oxidation reaction involves conversion from a C-OH to a C=0. Reduction involves
conversion from a C=0 to a C-OH, thus requiring the uptake of protons from solution.

This may explain why the total reorganization energy is higher on the reduction side.
5.4 pH Dependence of the Reaction Rates

Throughout the literature survey and experimental chapters of this thesis repeated
reference has been made to the fact that anthragquinone molecules undergo coupled
proton and electron transfer redox reactions45671853 Experiments were carried out
varying the solution pH to investigate the dependence of the reduction and oxidation
kinetics on the proton concentration. The experimental techniques and analysis of data
were the same as those presented above. Standard heterogeneous electron transfer rates
were attained form cyclic voltammograms using the Marcus model, and
chronoamperometric measurements were analysed to attain rate constants also. A
comparison and analysis of the reliability of the results from the different methods is

discussed in this section.

Cyclic voltammograms at high scan rates have been fit to the Marcus model developed
by Loughman and Forster.27 The pH range investigated was from -0.54 to +2.83. The
rate of electron transfer is seen to decrease as the solution pH is increased.
Representative CVs for the pH range investigated are illustrated in Figure 15. The
optimized rate constants from the model at scan rates of 2000 and 4000 Vs"1 are

presented in Table 2.
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Figure 15. Cyclic voltammograms of 1,2,4-AQASH at a scan rate of 2000 Vs'l The
solid lines denote experimental data at pH values 0 f-0.54, +0.49 and +2.26 from left to

right. (") denotes the best theoretical response generated using the adiabatic electron

transfer model for the cathodic and anodic branches.
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Table 2. Heterogeneous electron transfer rates for 1,2,4-AQASH monolayers; the rate
constants at scan rates of 2000 and 4000 Vs'l were generated from the CV model based
on the Marcus theory. The initial solution was made up in 1 M HCIO4 and recorded a

pH of-0.54. The pH of this solution was varied by adding concentrated NaOH.

pH keap/ s'1@2000 Vsl kGpp/s' @4000 Vs'l Average k°gop/ s 1

-0.54

1.20 x 104+ 1.56

1.50 x 104+ 1.94

1.35 x 104+ 1.75

-0.25 6.50 x 103+ 1.02 5.50 x 103+ 1.19 6.00 x 103+ 1.10
+0.49 4.40 x 103+ 1.07 3.70 x 103+ 1.18 4.05 x 103+ 1.12
+1.03 2.40 x 103+ 1.52 2.30 x 103+ 1.41 235 x103+ 1.47
+1.49 2.31 x 103+ 1.27 1.90 x 103+ 1.32 2.11 x103% 1.29
+1.75 1.90 x 103+ 1.36 1.40 x 103+ 1.56 1.65 x 103+ 1.45
+2.26 252 x 103 1.24 2.20x 103+ 1.33 2.36 x103+ 1.28
+2.83 2.30 x 103+ 1.48 1.9 x 103+ 1.58 2.10 x 103+ 1.53
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Consistent with the chronoamperometry data presented in Section 5.3.1, Tafel plots
have been constructed for pH values in the range -0.54 to 2.49. Figure 16 shows that
for both oxidation and reduction Ln k depends linearly on the overpotential, rj, at least
for overpotentials up to 350 mV. The heterogeneous electron transfer rate constants for
oxidation and reduction have been calculated from the intercepts of the semilog plots

and are summarized in Table 3.

y =-9.9232X + 10.933 14
y =4.0563x + 12.258

R2= 0.9932
R2= 0.958
n S y \ . 12 Y = 2.5250% + 11.59  * ** %
R2= 0.9629
y =-11.918x +9.4865V
R2 = 0.9759
y = 4.0132x + 10.435
R2= 0.9607
y = -11.957x + 8.9683 10*
R2=0.9928
0-
-04 -0.3 -0.2 -0.1 0 01 0.2 0.3 04

Overpotential / V

Figure 16. Dependence of the Ln k on the overpotential for a spontaneously adsorbed
1,2,4-AQASH monolayer. The pH values are -0.54 (i), 0.45 (i) and 2.14 (i).

Supporting electrolyte is 1M HC104 and the pH was varied by addition of concentrated

NaOH. Data was collected using a 5pm radius mercury microelectrode.
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Table 3. Heterogeneous electron transfer rate constants for 1,2,4-AQASH monolayers;
apparent rate constants for oxidation and reduction reactions were determined from

chronoamperometry data fitted to the Butler Volmer model.

pH kapp/ s'1 Reduction kapp/s'l Oxidation
-0.5 5.60 x 104+ 1.05 2.11 x 105+ 1.06
0.45 1.32 x 104+ 1.16 1.08 x 105+ 1.10
0.96 2.24 x 104+ 1.03 5.97 x 104+ 1.07
1.57 9.96 x 103+ 1.01 4.28 x 104x 1.09
2.14 7.85 x 103+1.11 3.40 x 104+ 1.29
2.49 7.69 x 103+ 1.12 4.28 x 104+ 1.09

Analysis of the methods used to estimate the pH dependent rate constants presented in
this section shows that the values estimated from chronoamperometric measurements
are more reliable than those calculated using cyclic voltammetiy. In the cyclic
voltammetry model based on the Marcus theory it is only possible to calculate a value
for the standard heterogeneous electron transfer rate constant, k°. The model does not
take into account the possibility that the forward and reverse reactions may precede at
different rates. At a pH of-0.5 the CV model generates a value of 1.35 x 104+ 1.75 s'l

for the standard electron transfer rate constant.

Using chronoamperometry it is possible to determine the rate of the oxidative and
reductive reaction separately. For example at a pH of-0.5 the rate of reduction is 5.60
x 104 £ 1.05 s'l and the rate of oxidation is 2.11 x 105+ 1.06 s'l. Both of these values
are greater than those calculated using cyclic voltammetry (1.35 x 104+ 1.75 s'l). This
result is representative of the results calculated over the pH range investigated. The rate

constants attained from the cyclic voltammetric model are consistently lower than those
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calculated using chronoamperometry. The same trend was seen in the rate constants
calculated using the Laviron formulation. This method of calculating the rate constant
is based on the potential of the cathodic and anodic peaks in cyclic voltammograms.
The rate constants calculated using the Laviron method show little variation over the pH

range investigated, therefore the results have not been included in this section.

5.4.1 Surface Reaction Kinetics

A brief comparison of the results obtained from the Butler Volmer and Marcus theories
is presented here. The reaction rate may be determined by analysis of the data using

Equation (15):%4

k = A[H4X (15)

where k is the rate of the reaction, x is the order of the reaction and [H4] is the proton
concentration. By plotting Log k vs Log [H+] a value for the order of the reaction can
be obtained from the slope of the graph. The pH range investigated is from -0.54 to
+2.49, and within this range the redox reaction involves the transfer of two electrons, as
determined from the potential dependent pH data. From the results presented in the plot
below it is evident that regardless of the technique used to calculate the rate constants
the order of the reaction is 0.3. This value compares with a value of 0.8 reported by Xu3
in the investigation of the order of reaction of 2,6-AQDS. The range of pH’s analysed
in this study was from O to 1. Xu has concluded from these results that protonation is
involved in the rate limiting step for both the reduction and oxidation reactions. From
the results presented in Section 5.1.1 of this Chapter it has been concluded that the rate
of proton transfer greatly exceeds the rate of electron transfer. However, the
observation of a slope of 0.3 in Figure 17 suggests that electron transfer is not entirely

independent of proton transfer over this pH range.
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Figure 17. Rate constants as a function of the concentration of HC104. Data collected
using a 5pM 1,2,4-AQASH solution in 1M HC104, the pH was varied using
concentrated NaOH. (i) denotes values determined from the adiabatic electron transfer
model presented in Table 3 above; (i) and (i) denote values from chronoamperometric
measurements in reduction and oxidation directions respectively, standard rate constants

were determined from the Butler Volmer theory of electron transfer at each pH.

With these kinetic results, and knowledge of the pKa values for the functional groups in
this molecule the mechanism of proton and electron transfer at low pH can be proposed.
The experimental results from this chapter show that the rate of proton transfer greatly
exceeds the rate of electron transfer at least up to pH 5. This suggests that electron
transfer is the rate limiting step in low pH media. The most likely intermediates in the
scheme of squares for 1,2,4-AQASH are displayed in Scheme 1. The other
intermediates in the nine-member box scheme can be ignored at low pH as the pKas for
QH22+and Q2 are at 9.85 and 11.40, respectively,9and therefore, cannot be involved in
the redox mechanism at low pH. The mechanism is H+e"H+e' for the reduction step and

e‘H+e'H+ for the oxidation step.
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Scheme 1. Possible intermediates in the 9-member box scheme for oxidation and

reduction of anthraquinone at low pH.

A
QH+ QH
/
|
\Y
QH2* QH2

At high pH the mechanism of reduction and oxidation is more complicated and more
difficult to determine experimentally. From the potential-pH data it appears that
electron transfer is independent of proton transfer. However, the rate constants for
electron transfer have not been probed as the CV response becomes ill-defined at high
pH values. Previous publicationsl’IT focusing on elucfdating the redox mechanism of
anthraquinone derivatives propose that the reaction proceeds by e H+'H+ From the
analysis of the experimental data presented in Section 5.1 of this chapter it has been
concluded that the reduced form of the anthraquinone is the deprotonated hydroquinone,
QH', at high pH. Therefore, the reduction reaction could only involve the intermediates
illustrated in Scheme 2 below. The anthraquinone/hydroquinone conversion thus
involves two electrons and one proton and the possible mechanisms areeH V, e'e'H+or

H+H+e‘. However, further details of the redox mechanism at high pH are not obtainable

from the experimental results presented in this chapter.

Scheme 2. Possible intermediates in the 9-member box scheme for oxidation and

reduction of anthraquinone at high pH.



5.5 Conclusions

It is evident from the literature survey presented in chapter 1 of this thesis that there is
significant interest in the elucidation of the mechanism of proton and electron transfer in
anthraquinone derivative molecules. While Vetter45 and Laviron6789 have presented
extensive publications detailing the theory of coupled proton and electron transfer less

work has focused on experimental studies.

The experimental work presented in this chapter detailed a number of methods by which
heterogeneous electron transfer rate constants can be measured. Fast scan rate cyclic
voltammctry of 1,2,4-AQASH spontaneously adsorbed on a mercury surface was
measured. At high scan rates the peak-to-peak potential separation was principally due
to the kinetics of electron transfer. The results were fit to the Laviron Formulation,4
which is based on the Butler Volmer theory of electron transfer. Cyclic
voltammograms that were run at scan rates of 800 Vs'l and above were fit to a CV
simulation model that was developed by Loughman and Forster.2/ This model was
based on the Marcus theory of electron transfer. One significant feature of this analysis
was that values for the reorganization energy could be approximated, Values in the
range 17 to 23 kJ mol'l were predicted for the total reorganization energy. No
publication has dealt so far with fitting experimental data related to anthraquinone
derivatives to the Marcus theory. A value of 56 kJ mol"l was calculated using the
theoretical Marcus model. Therefore, it can be concluded that the reorganisation energy

in this system is mainly due to outer sphere reorganization.

Chronoamperometry measurements were carried out to determine the rate of
heterogeneous electron transfer. The data was fit to the Butler Volmer theory of
electron transfer. This method of analysis allowed the measurement of the forward and
reverse rate constants and revealed that there was a significant difference between the
rate of the oxidative and reductive reactions. From potential dependent
chronoamperometry data at low pH a value for the reorganization energy in the
oxidation reaction was determined to be approximately 28 kJ mol'l. The total
reorganization energy for the reduction reaction was predicted to be at least 43 kJ mol'l.
Electron transfer rates were probed in detail from pH values of O to 5. These proton
concentration dependent experiments allowed an estimation of the sequence of proton

and electron transfer in oxidation and reduction directions at low and high pH.
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Chapter 6

Nanodes - New Dimensions of Space and Time in Electroanalysis



“A will finds away.”

Orison Sweet Marden



6. Introduction

The fabrication of nanometer sized electrode tips is important for a number of
applications, particularly various types of microscopies such as scanning tunneling
microscopy (STM) and scanning electrochemical microscopy (SECM). Spatial
resolution increases dramatically as the size of the scanning tip is decreased. As a
result, much research effort has focused on the development of fabrication techniques to
produce small tips displaying ideal electrochemical responses. The principal method
utilized in literature to make nanometer dimension tips for application in STM has been
etching procedures.1'23456,78 This technique yields geometrically sharp tips, however
one characteristic of the tip shape makes these tips less useful than the ones fabricated
using a micropipette puller. When electrodes are electrochemically sharpened the
height-to-radius ratio ofthe tip cannot be varied over a wide range causing the electrode

radius to increase significantly as the electrode is polished.

This chapter outlines a method of fabricating micrometer to nanometer-sized electrodes
using an argon ion based micropipette puller from Sutter Instrument Company. This
method has been used previously by a number of research groups in the fabrication of
nanoelectrodes, including Katemann and Schuhmann,9 Unwin et al., 10 Wong and Xu,"
Shao and Mirkin,12 Lewis et al.,13 Kim, Scarnlis and Ewing,}4 and Wightman and
Kelly.l5 Some details of the procedures carried out in these studies and results obtained
have already been discussed in section 1.7.4 of Chapter 1 of this document. Using a
micropipette puller it is possible to fabricate nanoelectrodes, which have a long taper
where the platinum wire is of nanometer dimension. However success requires careful
selection of the parameters of the micropipette puller program and the materials used in
the fabrication procedure. In the development of the fabrication technique platinum
wire of two different grades, hard drawn and annealed were used. The glass capillaries
used were aluminosilicate, borosilicate and quartz of various inner and outer diameters.
The electrodes produced during different stages of the development of the method have
been characterized using a number of techniques such as optical microscopy, scanning

electron microscopy and cyclic voltammetry.

The earlier sections of this chapter focus on the fabrication of micrometer sized mercury

electrodes of hemispherical geometry on platinum disk electrodes. These electrodes



have been used in the experimental work presented in Chapter 5 to measure fast
heterogeneous electron transfer rate constants. Experiments, which deal with the
deposition of mercury onto platinum nanoelectrodes will be discussed in the latter part

of this chapter.
6.1 Fabrication of Mercury Microelectrodes

Mercury electrodes have been implemented extensively in many electrochemical
research areas due to a number of significant features unique to this electrode material.
These features have already been highlighted in section 1.7.4.1 of Chapter 1 of this
work. For the purpose of the work presented in this thesis it is significant to note that
mercury has a large negative potential window for electrochemical studies and also
serves as an atomically flat surface for the adsorption of electroactive species from
solution.  Mercury microelectrodes were necessary in this study to measure fast
heterogeneous electron transfer rates as presented in the previous chapter.
Anthraquinone molecules are adsorbed parallel to the electrode surface at a distance of
approximately 4-5 A. As the electrode size is made smaller the response time decreases
and the measurement of fast electron transfer rates is made possible. The procedure for
the fabrication of hemispherical mercury electrodes of various sizes is described in this
chapter. A variety of metals have been used as substrates for mercury deposition, these
include platinum,16,17,181920 iridium2,22 and carbon fiber2324 microelectrodes. Platinum

electrodes of radius between 5 and 12.5 pm have been used in this work.

The fabrication procedure for these electrodes is outlined briefly here but is explained in
more detail by O’Hanlon, Faulkner and Xu. Firstly, the soft glass tubing, which
forms the body of the electrode was cut into pieces 10-15 cm long. These glass pieces
were soaked overnight in dilute nitric acid to remove any dirt or grease, which may
adhere to the inside of the glass. When the glass was removed it was rinsed thoroughly
with Milli-Q water, acetone and again with Milli-Q water. The glass was then dried in
an oven for 30 minutes. The dried lengths of glass were heated in the center using a
Bunsen flame and the center section was drawn apart once it became soft enough. Once

the glass cooled down the glass was snapped in the middle to form two tapered ends.

At this stage a piece of micrometer sized platinum wire about 1 cm in length was cut.

The wire was held with a tweezers, washed in acetone and dried. An aluminium wire of
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approximate length 4 cm was cut and bent in a zig-zag pattern. This wire was wound
around the copper wire and soldered in place. The cleaned micrometer sized platinum
wire was wound around the other end of the aluminium wire and soldered to make an
electrical connection. This wire assembly was inserted into the glass tubing, as
illustrated in Figure 1. The glass was then sealed around the micrometer sized wire by
applying a vacuum to the open end of the glass tubing. Finally the open end of the glass
capillary was covered with a plastic cap, which was secured in place using araldite
epoxy resin. Mercury can then be deposited on the platinum surface to produce a
micrometer sized mercury electrode. For the deposition procedure to be successful the
platinum surface must be clean. This was ensured by electrochemical cleaning and

polishing of the platinum surface, as outlined in the following section.

Tin annealed copper wire

Plastic cap

Soft glass tubing

Soldered connection to hook-up wire

Aluminium hook up
wire, zigzagged to give
physical support to the
microscopic wire

Soldered connection to microscopic wire

Microscopic wire

Figure 1. Schematic illustrating the cross section of a micrometer sized platinum

electrode.
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6.1.1 Microelectrode Preparation

Electrodes were polished on polishing cloths obtained from Struers, Denmark. Alumina
was placed on the cloth and mixed with a small amount of Milli-Q water to form a
paste. The electrode was held at a 90° angle to the polishing cloth and rotated in a
figure of eight approximately 50 times. The electrode was then placed on another part
of the polishing cloth and the procedure repeated to ensure uniform polishing of the
entire surface. At this stage, the electrode was rinsed with Milli-Q water, sonicated to
ensure the removal of all alumina particles from the surface and rinsed with Milli-Q
water once more. A cyclic voltammogram was run in a suitable electrolytic solution to
see the capacitive current response. The electrolyte used was 0.1 M LiCIC>4, and CVs
were run at a scan rate of 0.2 Vs'l. A typical CV response at this stage of the polishing

procedure is shown in Figure 2.

Potential 1V

Figure 2. Background cyclic voltammogram for a 12.5 pm radius platinum electrode in
0.1 M LiCIC= following polishing with 0.3 pm alumina particles. The scan rate is 0.2

Vs'l. The potential limits are 0 and 0.8 V with the initial potential setat 0 V.
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The polishing procedure described above was repeated, successively decreasing the size
of the alumina particles to 5, 1 and 0.3jam. Background CVs were runin 0.1 M UCIO4
solution between particle sizes to monitor the progress of the cleaning process. As the
alumina particle size was decreased the background capacitive response should become
more stable. An unchanging flat capacitance indicates that the electrode is free of
adsorbed electroactive impurities, whereas a sloped background indicates that there is
high resistance flowing between the electrode and electrolytic solution. Figure 3 shows

improvement of the CV response as the polishing procedure progresses.

Potential /V

Figure 3. Cyclic voltammetric response of a 12.5 (xm radius platinum electrode

immersed in 0.1 M LiC104 following polishing with 5 (—), 1 ( ), and 0.3 pm (—) (—)

alumina particles. The scan rate is 0.2 Vs'1and the initial potential is O V.

Platinum electrodes were electrochemically cleaned by cycling in 1 M H2SO4. The CVs
were run between potential limits of 1.4 and -0.25 V and the CV response is shown in
Figure 4. The peaks in the cyclic voltammogram are due to the oxidation and reduction
of platinum at the surface of the electrode and oxidation and reduction of hydrogen at
the adsorbed electrode surface. The peaks are labeled in Figure 4 and are designated as

follows;28
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Oa - formation of adsorbed oxygen and platinum oxide layers.
Oc- reduction of oxide layers.
Ha- oxidation of adsorbed hydrogen.

Hc- reduction of adsorbed hydrogen.

Potential | V

Figure 4. Cyclic voltammogram showing the electrochemical response of a 5 pm
radius platinum microelectrode immersed in 1M H2SO4. The scan rate is 0.1 Vs'L The

potential limits are 1.4 and -0.25 V. The initial potential is -0.25 V.

The area under the oxygen peak can be used to calculate the surface roughness, which is
important to evaluate the cleanliness of the platinum surface of the electrodes and this is
described in a later section. The charge under the voltammetric peak for hydrogen
adsorption can be integrated to provide a value for the electrochemical area of the
electrode. This is described in Section 6.3.3.1 of this chapter to provide an estimate of

the size of the electrodes produced.
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6.1.2 Mercury Deposition and Determination of Electrode Area

Once the platinum surface has been electrochemically cleaned mercury deposition was
carried out. The deposition solution contained 5.7 mM mercury (I) nitrate dihydrate
(Aldrich) made up in 1 M KNO3and 0.5% HNO3. The technique used for deposition
was bulk electrolysis with coulometry2930 using a CH Instruments 660 potentiostat with
the deposition potential set at -0.2 V. These parameters were deemed suitable for
deposition of mercury onto the platinum surface to form a hemispherical drop. These
conditions also gave the most reproducible method of making micrometer-sized
mercury electrodes. When deposition was carried out at potentials other than -0.2 V the
deposition process was slower, increasing the time taken to form a hemispherical drop
on the platinum microelectrode surface. Following a deposition time of 200 s the
electrode is removed from the mercury deposition solution, rinsed and placed in a
solution containing 5 pM 1-amino, 2-sulphonic, 4-hydroxyanthraquinone. The faradaic
current, which results from the oxidation and reduction of the electroactive species can
be used to determine the area of the hemispherical mercury drop deposited. This is
possible due to the fact that the mercury surface is atomically smooth and so the real
and geometric areas of the electrode are identical. Hence, a method, which relates the
faradaic current to the electrode area can be used to calculate the area. Methods used to
evaluate the area of platinum nanoelectrodes are presented in the following section of

this chapter.
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Figure 5. Cyclic voltammogram for a 5 pm radius platinum electrode after deposition
of mercury for 200 s. The electrolytic solution contains 5 pM 1,2,4-AQASH and 1M
HCI104 as the supporting electrolyte. The scan rate is 5 Vs'l and the initial potential is
setat 0.2 V.

The size of the mercury electrode can be calculated from the CV response in Figure 5

by using Equation (1),

where A is the area of the electrode, Q is the charge passed in the redox reaction, T is
the surface coverage of the electroactive species on the electrode surface, n is the
number of electrons transferred and F is Faradays constant. When using this equation it
has been assumed that a 5 pM solution of 1,2,4-AQASH yields monolayer coverage,
i.,e., L1 x 1010 mol cm'2. This assumption is reasonable given the electrochemical
properties of 1,2,4-AQASH detailed in Chapter 3 of this thesis. Once a CV has been
recorded, the electrode was rinsed and placed in the mercury deposition solution for a
further 200 s. The electrode area was then measured the same way as detailed above

using a 5 pM 1,2,4-AQASH solution.  This three-step procedure of deposition,
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measurement of the electrode area and rinsing was repeated in order to determine a
relationship between the deposition time and the surface area. The CVs at deposition

times from 200 to 2200 s are illustrated in Figure 6.

Potential/V

Figure 6. Cyclic voltammograms of 1,2,4-AQASH on a mercury electrode after
mercury deposition from mercury (l) nitrate dihydrate for times of 200 ( ), 600 (—,
1000 ( ), 1400 (4, 1800 ( ) and 2200 (— seconds. The scan rate is 5 Vs'l and the
potential limits are 0.2 and -0.6 V. The initial potential is 0.2 V.

The surface coverage at each deposition time has been calculated and the results are
graphed in Figure 7. A linear relationship results up to a deposition time 0f2400 s. The
radius of the hemispherical Hg electrode a deposition time of 2400s is 24 pm and
further deposition caused the Hg drop to become unstable and drop off the platinum
surface. Smaller drops were seen to be stable on the platinum surface for longer periods

oftime but careful handling is necessary when carrying out experiments.
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Figure 7. Relationship between the deposition time and the area of the mercury
electrode produced. The deposition solution contained 5.7 mM mercury (1) nitrate
dihydrate made up in 1 M KNO3and 0.5 % HNO3. The deposition potential was set at
-0.2 V.

6.2 Construction of Nanoelectrodes

This section describes a method of producing micrometer to nanometer-sized electrodes
using a P-2000 micropipette puller from Sutter Instruments. The materials used in the
fabrication of the nanodes in this work were platinum wire with a diameter of 25 pm -
hard temper obtained from Goodfellow and quartz glass capillaries obtained from
Hilgenberg GmbH, Malsfeld, Germany. The capillaries were 100 mm long with an
outer diameter of 0.9 mm and an inner diameter of 0.3 mm leading to a wall thickness
of 0.3 mm. Quartz and borosilicate and aluminosilicate capillaries obtained from Sutter
Instrument Co. with varying inner and outer diameters were used initially but these
capillaries proved unsuitable for fabrication of nanometer-sized electrodes due to a
number of reasons. Firstly borosilicate and aluminosilicate glasses have a lower
melting point than quartz and so the glass capillaries melted at a lower temperature in

the laser puller and the heat was not transferred to the platinum wire to soften it. Also,
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capillaries of larger inner diameter that 0.3 mm were unsuitable as this prevented

transfer of heat from the insulating glass to the platinum wire before the pulling step.

The micropipette puller implemented in the construction of the platinum nanoelectrodes
is illustrated in Figure 8 below. This instrument contains five parameters, which can be

varied to produce an electrode of nanometer size. These parameters are:

1 Heat - output power of the laser, depending on the type of material used as the

insulator different heat settings are required to melt the glass.

2. Filament - scanning pattern of the laser beam, which determines the length of the

capillary heated.

3. Velocity - the velocity at which the puller bars, containing the glass-wire

assembly move away when the hard pull is executed.

4. Delay - controls the timing of the activation of the hard pull relative to the
deactivation of the laser, the shorter the delay the longer the taper and the smaller

the tip diameter.

5. Pull - controls the force of the hard pull, which determines the length of the taper

and the size of the tip produced.

Figure 8 illustrates the components of the micropipette puller and shows the
experimental setup, which was used to fabricate nanoelectrodes in this work. The
micropipette puller clamps the capillary containing the platinum wire in place at both
ends, as illustrated below. Both ends of the capillary are then attached to silicon tubing
which serves to evacuate the glass capillary during the fabrication process to form an
electrode with the platinum wire located exactly in the center ofthe glass capillary. The

fabrication procedure is described in detail in the following section ofthis chapter.
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Figure 8. Micropipette puller, (A) metal clamp to prevent the hard pull during the first
heating process, (B) laser beam and retro mirror, (C) capillary fixing screws, (D) quartz
glass capillary with inserted platinum wire, (E) puller bars, (F) silicon tube connecting
to glass capillary to allow its evacuation, (G), Y-connector and (H) silicon tube

connection to the vacuum pump.

The five parameters listed above for the micropipette puller have been varied
systematically to obtain a set of parameters, which melts the glass body and the
platinum wire simultaneously, that can then be drawn to produce a nanoelectrode. The
most reproducible results were obtained when the hard pull took between 4 and 6
seconds. Longer times produced electrodes with uneven taper lengths. 1fthe pull takes
less than 4 seconds the platinum wire was frequently heated too fast and was not drawn
with the capillary once the hard pull was executed, as shown in the microscope images
in Figure 9 (A) and (B). A Nikon ECLPISE MEG600D Microscope at 10X magnification
was used to image the electrodes and the images were captured using a Nikon Coolpix

950 digital camera.
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Figure 9. Optical microscope images of electrodes after the pulling process, the
parameters in the pulling program were, (A) Heat - 750, Filament - 4, Velocity - 55,
Delay - 120 and Pull - 150 and (B) Heat - 550, Filament - 4, Velocity - 55, Delay - 70
and Pull - 150.

6.2.1 Fabrication Process

A stepwise description of the fabrication process is shown in Figure 10. A piece of
25 pm platinum wire 15 to 20 mm long is cut from the reel and placed using a tweezers
into the quartz capillary, Figure 10(A). This is placed in the midpoint of the capillary
length and the glass-wire assembly is then placed in the laser puller using the fixing
screws. Silicon tubing is connected to the ends of the capillary and the vacuum is
switched on to evacuate the capillary prior to the first heating step. In order to fabricate
a nanoelectrode using the micropipette puller, it is essential that the quartz melts around
the platinum wire, and then the heat is transferred to the platinum wire. In a

conventional experiment, the laser puller applies a constant pulling force on the glass

250



capillary in order to detect the viscosity of the glass during healing and the hard pull
initiates once a sufficiently low viscosity is attained. This automatic pulling of the glass
has to be stopped when fabricating nanoelectrodes so a two-step heating process has
been implemented. During the first heating step a clamp is placed on the assembly to
prevent the pulling bars from separating. This ensures that the platinum wire is heated
and softened sufficiently to be pulled to smaller dimensions during the second heating

step.

The parameters in the first heating program are: Heat - 775, Filament - 5, Velocity -
100, Delay - 120 and Pull - 1. The laser puller and stop watch are switched on
simultaneously. After 40 seconds of heating the laser puller program is stopped for 20
seconds and then restarted for a further 40 seconds. This was done to prevent the laser
from overheating and the procedure was repeated five times to ensure that the platinum
wire was sealed inside the quartz glass capillary, Figure 10(B). The clamp was removed
and the second heating program: Heat - 600, Filament - 2, Velocity - 130, Delay - 150
and Pull - 220 was activated as soon as possible to prevent the glass wire assembly
from cooling down. The second program takes between 4 and 6 seconds to produce two
platinum nanoelectrodes sealed in glass, Figure 10(C). The platinum wire inside the
glass capillary is connected to a copper wire using a two component silver filled epoxy
glue and left to dry in an oven for two hours, Figure 10(D). The electrodes are then
polished as outlined in the following section until electrical contact is made,

Figure 10(E).
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Figure 10. Step-by-step summary of the microelectrode fabrication process, (A)
insertion of the Pt-wire into the glass capillary, (B) cylindrical melting of the quartz
glass to invoke contact between the glass and Pt-wire, also ensuring positioning of the
Pt-wire in the center of the glass capillary, (C) simultaneous pulling of the quartz glass
capillary and Pt-wire, (D) contacting of the Pt-wire by means of a copper wire and a

silver filled epoxy glue and, (E) polishing of the microelectrode.

6.2.2 Polishing Procedure

To polish nanoelectrodes the procedure developed by Katemann and Schuhmann9was
implemented. The nanoelectrode was placed in cylindrical brass holder and secured in
place using a soft silicon tube and a fixing screw, Figure 11. The brass holder was
rotated at a speed of 5000 rpm and slowly lowered down onto the surface of the
polishing plate using manual micropositioning elements. Old computer hard disks were
used as the polishing platform, due to the flatness of the surface. Polishing is performed
on a soft polishing cloth in a 50 nm particle size alumina paste. The length of time
polishing influences the size of the nanoelectrode produced and frequently a few
seconds of polishing is sufficient to form electrical contact. Cyclic voltammograms

were run at intervals during the polishing procedure to check if electrical contact had
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been made. Careful and slow polishing is required to fabricate electrodes in the small

nanometer range.

Figure 11. Schematic representation of the setup for nanoelectrode polishing.

6.3 Characterisation of Nanoelectrodes

In an effort to characterize these nanometer electrodes a number of techniques have
been implemented. Optical microscopy images provide a rapid and simple way of
visualizing the electrode after the pulling process to see if the wire has been drawn to
smaller dimensions.  Scanning electron microscopy provides some information.
However, the information obtainable from this technique is limited when looking at
structures of such small dimensions insulated in quartz. The most informative method
of characterization used in this work was cyclic voltammetry. The quality of the seal
could be tested and an estimate of the electrode area and geometry was obtained from
the measurements. A brief summary of the results from all three methods is outlined in

the following sub-sections.
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6.3.1 Optical Microscopy

In the initial stages of this work much experimental time was spent developing a
program, which would produce a nanometer size electrode. Hence, a rapid
characterization technique was necessary to determine the probable success of each
experiment after the pulling step. A Nikon ECLIPSE ME600D Microscope with a
mercury lamp as the light source was used to image the nanoelectrode assemblies.
Images were captured using a Nikon Coolpix 950 digital camera. Figure 9 in Section
6.2 ofthis chapter shows an image of a nanode after the pulling process. As is evident
from this image, the parameters in the pulling program were not compatible with the
quartz capillaries and platinum wire to fabricate a nanoelectrode. Such electrodes were
discarded immediately. This method of characterization was much faster than
characterization by SEM or cyclic voltammetry and so saved time in the development of

the fabrication process.

Once the parameters in the pulling program were refined to produce a nanoelectrode,
optical microscopy was used to visualize the electrodes. The fabrication process has
been explained in Section 6.2.1 above with each step displayed in Figure 10. The
images in Figure 12 below suggest that nanodes were formed as expected. The first
heating step produces a 25 pm platinum wire sealed in quartz glass, Figure 12(A), this
assembly is pulled from micrometer to nanometer dimensions in the second heating
step, Figure 12(B) and (C). Figure 12(B) shows clearly that the wire has been softened
sufficiently in the second heating step and is pulled with the glass to smaller

dimensions.
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Figure 12. Optical microscope images of an electrode after the two step pulling
process. (A) step 1- atight seal has formed between the 25 pm platinum wire and the
quartz glass capillary and (B) step 2 - the platinum wire is drawn with the quartz glass

capillary to form a nanometer sized electrode. (C) shows the tip of a nanoelectrode.



6.3.2 Scanning Electron Microscopy

Scanning electron microscopy has been used extensively in the characterization of
nanometer-sized electrodes. A Hitachi S3000N Scanning Electron Microscope was
used to obtain the SEM images presented in this section. Scanning electron microscopy
is a useful technique to characterize electrodes of micrometer dimensions as discussed
in Section 1.7.6 of Chapter 1. Wightman and Kelly15 have successfully imaged carbon
fiber electrodes of 10 pm radius to determine the geometry of the electrode after the
fabrication and polishing steps. This publication claims that the quality of the seal
between the carbon fiber and glass capillary may be seen from SEM images also.
However, as illustrated in this work, this is only possible ifthe electrode radius is 20 pm

or greater.

Figure 13 (A) and (B) show SEM images of micrometer sized platinum electrodes,
which were taken during the development of the pulling program. These images show
that the materials and pulling parameters used were unsuitable for fabrication of an
electrode of small dimensions. The materials used for fabrication were borosilicate
capillaries with an outer diameter of 1 mm and inner diameter of 0.75 mm (Sutter
Instrument Co.) and hard temper platinum wire. The platinum wire wasn’t drawn to a
smaller dimension in the pulling process and a good seal between the wire and capillary
was not produced. This could be due to a number of factors but is primarily due to the
fact that the heat setting was too low to soften the platinum wire and borosilicate glass
simultaneously before the hard pull. Its also evident from the SEM images that the
borosilicate glass is uneven at the tip and this indicates that the hard pull took place too

early effectively breaking the capillaries apart.
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Figure 13. Scanning electron micrographs of micrometer-sized tips after the pulling
process. The scale, magnification and accelerating voltage of images (A) and (B) are

shown on the individual images.

The SEM images of nanoelectrodes provide much less characterization information due
to the ultrasmall size of the electrodes imaged. Figure 14 shows a nanoelectrode after
the pulling process. The image shows clearly that the quartz glass and platinum wire
are pulled to very small dimensions by the micropipette puller. The length of the taper
can be measured in SEM. However, attempts to image the tip ofthe nanoelectrode were
unsuccessful because charging from the glass insulator caused the image to drift and a
fine focus on the electrode tip could not be achieved. Figures 15 (A), (B) and (C) show

typically the quality of images obtained when focusing on the electrode tip.

257



Figure 14. Scanning electron micrograph of a nanoelectrode which has been fabricated
using the P-2000 Micropipette Puller from Sutter Instruments. The scale, magnification

and accelerating voltage are displayed on the image.
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Figure 15. Scanning electron micrographs of submicrometer-sized tips after the pulling
and polishing processes. The scale, magnification and accelerating voltage of images

(A), (B) and (C) are shown on the individual images.
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6.3.3 Cyclic Voltammetry

The most comprehensive and informative technique used in this work to characterize
nanometer-sized electrodes was cyclic voltammetry. An estimate of the size of the
electroactive area of the nanoelectrodes was also obtained from the limiting steady state
current of the cyclic voltammogram. After the polishing procedure the nanoelectrodes
were cycled in 1 M and 0.1 M H2SO4 to electrochemically clean the electrodes and
determine the surface roughness of the platinum surface, assuming the geometry of the

electrode is disk shaped.
6.3.3.1 Determination of the Electrochemical Area

The cyclic voltammogram in Figure 16 represents the response of a nanoelectrode
which has been cycled in 1 M H2S04. This procedure is an effective method of
cleaning the platinum surface. As the potential is swept from -0.25 to 1.4 V an oxide
film forms on the platinum surface, which triggers desorption of adventitious impurities.
This oxide layer is reduced on the cathodic branch leaving a clean platinum surface.3
The sequence of cycles should end with a negative step and the electrode is ready for

use in an experiment.

Potential /V

Figure 16. Cyclic voltammogram showing the electrochemical response of a
nanometer-sized platinum electrode immersed in 1 M H2SOs4. The scan rate is
0.05 Vs'L The potential limits are -0.25 V and 1.4 V with the initial potential set at
-0.25 V.
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Hydrogen adsorption and oxide formation are two methods, which can be used to
determine the electrochemical area of an electrode. The method used in this work is
oxide formation. This technique is based on the assumption that oxygen forms a
monoatomic layer on the platinum surface. Each metal atom is thought to be bound to a
single oxygen atom. The charge under the voltammetric peak for oxide desorption can

be related to the electrochemical area using Equations (2) and (3),

Qo =2eNATO0A o)

where NA is Avogadro’s constant, r 0 is the surface concentration of atomic oxygen,
assumed to be equal to the surface density of metal atoms. The reference charge Q0Sis

calculated from the number of metal atoms per unit surface area so that,

A value for Q0of 420 pC cm'2 has been accepted for polycrystalline platinum.3233 The

peak for oxide reduction on platinum is at a potential of approximately 0.45 V.

6.3.3.2 Determination of the Geometric Area

In the characterization of nanoelectrodes it was assumed that the electroactive area is
disk shaped. This assumption may or may not be justified as is evident from the cyclic
voltammetry data presented in this section but a reasonable approximation of the
nanode area is nevertheless easily obtained using this method. The electroactive area

can be calculated from the diffusion limited steady state current using Equation (4).
ilin=4nFDCr 4)

where jnmis the limiting current, n is the number of electrons in the redox reaction, F is
Faraday’s constant, D is the diffusion coefficient of the electroactive species, C is the
concentration and r is the radius of the electrode. Cyclic voltammograms were run in a
solution containing 5 mM Ru(NH3)63+ containing 0.1 M KC1 as the supporting
electrolyte. The diffusion coefficient for this redox species has been experimentally
determined as 5.4 £ 0.08 x 106 cm2s'L The cyclic voltammetry response for a number

of electrodes produced is illustrated in Figure 17. The CV responses are seen to be
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sigmoidal at low scan rates. The sigmoidal response indicates that the electrodes
produced are of very small dimensions and that a good seal has formed between the
nanometer sized platinum wire and the quartz glass. The limiting currents measured are
in the low nanoampere range and the voltammograms remain sigmoidal for scan rates
up to a few volts per second. This response agrees with the theoretical predictions
outlined in Section 1.7.2.1 of Chapter 1 of this thesis for hemispherical diffusion of

electroactive species to the electrode surface.

Figure 17. Steady state cyclic voltammetry responses for a range of electrodes
produced in 5 MM [Ru(NH3)e]3+ containing 0.1 M KC1 as the supporting electrolyte.
The scan rate was 1000 mV s'land the initial potential was 100 mV. The radius of the
electrodes have been calculated as: 158 nm (—), 391 nm (—, 1170 nm ( ), 1972 nm (4
and 2741 nm (— using Equation 4.
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The surface roughness of the platinum surface can then be calculated by dividing the
electrochemical area by the geometric area of the electrode. Values in the range 2-3 are
acceptable for surface roughness but values below 2 are preferable. The surface

roughness values for a number of the nanoelectrodes fabricated are presented in Table 1.

Table 1. Electrochemical, Geometric Areas and Surface roughness values determined
for a number of micro- and nanoelectodes fabricated. The radii of the electrodes have
been determined from the steady state limiting current using Equation (4). The

electrochemical and geometric areas have been calculated as detailed in the text above.

Radius / nm Electrochemical Geometric Surface
Area/ cam2 Area/ cm?2 Roughness
158 1.46 x 109 7.84 x 10'0 1.9
391 6.64 x 109 4.80 x 109 1.4
1170 5.79 x 10'8 4.30 x 108 13
1972 2.54 x 107 1.22 x 107 2.1
2741 3.69 x 107 2.36 x 10'7 1.6
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6.4 Ultramicroelectrode Geometries

A scan rate dependent study was carried out to estimate the geometiy of the
ultramicroelectrodes produced. As the scan rate of the experiment is increased linear
diffusion predominates and a conversion from a sigmoidal CV response to a peak
shaped CV response is observed. The scan rate dependent response for an electrode
with a radius of 3.12 pm is presented in Figure 18. The range of scan rates investigated

was from 0.1 Vs"1to 50 Vs"1

Potential / V

Figure 18. Cyclic voltammetry response for a 3.12 pm platinum electrode immersed in
a solution of 5 mM [Ru(NH?3)e]3+ containing 0.1 M KCL1 as the supporting electrolyte.
The scanratesare 0.1 ( ), 5( ), 10 (9, 20 ( ), 30 (—, 40 ( ) and 50 Vs'1(—.

The close to ideal CV response for micrometer sized electrodes contrasts with the rather
less well behaved response obtained when using a nanoelectrode. The voltammetric
response obtained when increasing the scan rate is illustrated in Figure 19 below. The
currents obtained in these CVs are lower than those obtained when using a micrometer

sized tip, this can be seen by comparing the data in Figure 18 with that in Figure 19. At
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low scan rates, from 0.1 to approximately 1V s'la sigmoidal response is obtained,
however as the scan rate is increased a conversion to a peak shaped response is not seen.
In contrast, as the scan rate increases the capacitive current is seen to increase. This
could be due to a number of reasons, firstly the electrode geometry may not be disk
shaped but lagooned as discussed previously in Section 1.7.5 of Chapter 1. A number
of publications have been concerned with the elucidation of the electrochemical
response of lagooned shaped microelectrodes. Mirkin and coworkers,34 Baranski3® and
Oldham36 believe that a lagooned-shaped electrode will show large charging currents
and be slow to reach a steady state response. This is due to the fact that the true
geometric area of these electrodes is larger than that calculated from the steady state CV
response. However, this is not the case for the nanodes characterized here. The

currents measured even at high scan rates, i.e. at 40 Vs'lare only a few nanoamperes.

The second possible explanation for the cyclic voltammetric response displayed in
Figure 19 is that the faradaic response is swamped by the capacitive response at higher
scan rates. As the electrode radius decreases stray capacitance caused by the leads and
electrical connections increase. However, this is unlikely to have caused the non-ideal
cyclic voltammctry response observed for the electrodes presented here, as the
electrochemical leads connected to the nanoelectrodes were kept as short as possible for
all measurements. The nanodes fabricated using the micropipette puller were also
characterized thoroughly in this work and were determined to have a good tight seal

between the platinum wire and the quartz glass capillary after the pulling process.

The third possible explanation for the CV response displayed in Figure 19 is that the
scan rate range investigated is too limited to observe significant effects from linear
diffusion. It may be necessary to go to higher scan rates to observe a peak shaped CV
response for electrodes of such small dimensions. Using the Randles Sev?ik Equation it
is possible to calculate the theoretical current as the scan rate increases. At a scan rate
of 5 Vs'lthe ratio of steady state to transient current is 0.9, this value increases to 7.3 at
a scan rate of 40 Vs'L The same calculations were carried out for the experimental data
generated using a 3.12 pm electrode presented in Figure 18 above. At a scan rate of 5
Vs'lthe ratio of steady state to transient current is 3.2, this value increases to 25.5 at a
scan rate of 40 Vs'L It is evident from observation of the CVs in Figure 18 that a CV

response dominated by linear diffusion is obtained only at a scan rate of 40 V s'] and
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above. Therefore the ratio of steady state to transient current must be 25 or greater to
observe a true linear diffusion reponse. This result is also confirmed in Figure 20
below. It is possible that diffusive behaviour would be observed for the 757 nm
platinum electrode if the scan rate were increased further. Theoretical calculations
predict that this scan rate would have to be a few hundred volts per second before lateral

diffusion has a significant effect on the cyclic voltammetric response.

Potential /V

Figure 19. Cyclic voltammetry response for a 757 nm platinum electrode immersed in
a solution of 5 mM [Ru(NH3)6]3+ containing 0.1 M KC1 as the supporting electrolyte.
The scan rates are 0.1 ( ), 5(9, 20 ( )»and 40 Vs'l(—.

By plotting the maximum current measured from the CV response at each scan rate
versus the log of scan rate it is possible to observe when the current is dominated by
radial diffusion and lateral diffusion of electroactive species towards the electrode
surface./\7 In the case of the micrometer sized electrode scan rates above 5 Vs'lare
dominated by linear diffusion. However, when measuring the scan rate dependence ofa
nanometer sized electrode it is not clear that the current response is ever controlled by
linear diffusion of species towards the electrode surface, at least for the range of scan
rates investigated in this study. The results for both size of electrode are illustrated in

Figure 20.
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Figure 20. Dependence of the maximum peak current on the scan rate for a 3.120 pm
platinum electrode (m) and a 757 nm electrode (a). The range of scan rates measured
was from 0.01 to 100 V s'i for the microelectrode and 0.1 to 50 V s'i for the

nanoelectrode.

6.5 Mercury Nanoelectrodes

The fabrication of micrometer sized mercury electrodes on platinum disk electrodes has
been described in Section 6.1 of this chapter. Here a description of the experimental
efforts to deposit mercury onto nanometer-sized electrodes is presented. The procedure
was less successful due to the fact that some of the the nanometer-sized electrodes
produced were not a perfect disk shape but had a different geometry, possibly lagooned.
Analysis of the experimental results obtained showed that it was more difficult to
deposit mercury on electrodes of this geometry, this is thought to be due to the fact that
the platinum wire is recessed into the glass body, thus preventing the formation of a

nucleation site.

Figure 21 shows the results obtained when mercury deposition was carried out on a 3.12

pm platinum electrode. Deposition was carried out in a solution containing 5.7 mM
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mercury (1) nitrate dihydrate (Aldrich) made up in 1 M KNO3and 0.5 % HNO3. The
technique used was bulk electrolysis with coulometry using a CH Instruments 440
potentiostat with the deposition potential setat-0.2 V. These conditions were the same
as those used to deposit a mercury drop onto the platinum microelectrodes discussed
earlier in this chapter. The deposition process was carried out for 80 s and the total

charge passed was 8.43 x 10'n C.

Time |s

Figure 21. Charge vs time relationship obtained from depositing mercury onto a
platinum electrode of radius 3.12 pm. The deposition solution contained 5.7 mM
mercury (1) nitrate dihydrate (Aldrich) made up in 1 M KNO3and 0.5 % HNO3.

Deposition was carried out at a potential of-0.2 V.

Following this deposition process the electrode was removed from the mercury
deposition solution and placed in a 5 pM 1,2,4-AQASH solution, containing 1 M
HCI104 as the supporting electrolyte. This anthraquinone spontaneously adsorbs onto
the surface of mercury but does not adsorb onto platinum. Therefore the presence of a
faradaic response proves that mercury has deposited onto the surface of the ultrasmall
platinum electrode. The result of this experiment is illustrated in Figure 22 below. It is
evident from the analysis of this CV that the redox wave is present at a potential of

approximately - 0.10 V.
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Figure 22. Cyclic voltammogram for a 3.12 pm radius platinum electrode following
deposition of mercury for 80 s. The electrolytic solution contains 5 pM 1,2,4-AQASH
with 1 M HCIO4 as the supporting electrolyte. The scan rate was 5 Vs'l and the initial

potential was 0.2 V.

The charge under this voltammetric wave has been integrated by background correcting
the CV to calculate the size of the mercury drop deposited. The background corrected
CV s presented in Figure 23. The area was calculated by substituting the charge
measured into Equation (1), with the same assumptions as outlined in Section 6.1.2 of
this chapter. The area of the hemispherical drop in this case was 3.98 x 107 cm'2,
yielding a value of 2.51 pm for the radius. This electrode area is significantly smaller

than any other produced in this work.
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Figure 23. Background corrected cyclic voltammogram for a 3.12 pm radius platinum
electrode following deposition of mercury for 80 s. The electrolytic solution contains 5
pM 1,2,4-AQASH with 1 M HCIO4 as the supporting electrolyte. The scan rate was
5 Vs'land the initial potential was 0.2 V.

Another significant feature of the cyclic voltammogram in Figure 22 is the extremely
large contribution from the capacitive current. The capacitive current measured at a
potential of 0.1 V is 5.63 x 10'9C. This results in a capacitance of 5.62 x 10'lI0F. The
double layer capacitance for a mercury macroelectrode of size 0.0134 cm2 modified
with an oxidized monolayer of 1,2,4-AQASH has been calculated as 15.0 + 0.9 pF cm'2.
Hence the theoretical capacitance for the small mercury electrode produced here is 5.97
x 10‘2 F. From this calculation it is evident that there is an excess capacitance of 5.56 x
10"10 F, which cannot be attributed to interfacial processes. Capacitance at nanometer-
sized electrodes has been discussed in the literature review presented in Chapter 1 of
this thesis and suggests that excess capacitance originates from the experimental setup
or the nanodes themselves. This is referred to as stray capacitance. The contribution to
the stray capacitance from the potentiostat and leads has been minimized in this work
by using cables of minimum length. It is thought that the major contribution is due to
the design of the nanoelectrodes. A small imperfection in the seal between the
insulating glass and the platinum wire would allow solution leakage, which would cause

the capacitance to increase significantly. This has been discussed in a publication by
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Menon and Martin,3 where cyclic voltammograms were recorded prior to and after
sealing the nanoelectrode tip. Faulkner and coworkers2 as well as Wightman39 have
attributed large stray capacitive currents to the electrode design also. When silver
epoxy or mercury is used to make the electrical connection between the microwire and
the larger hook up wire large RC cell time constants result. This is due the
electronically conducting / mercury / glass insulator / ionically conducting solution
junctions causing a large stray capacitance. RC cell time constants have not been
measured in this work for the nanometer-sized electrodes as the currents produced were
too low to measure. However it is expected that the cell time constants would not be
smaller than those measured at a micrometer sized electrode due to the significant
contribution from stray capacitance. The cell time constants may even be larger than

those measured at microelectrodes as a result.

6.6 Conclusions

This chapter described in detail a method of fabricating micro- and nanoelectrodes using
a micropipette puller. This fabrication procedure has a number of advantages, the most
obvious of which is the rapid nature of the process, thus enabling the production of
nanoelectrodes in a short time period. The success of the fabrication procedure is high
once the parameters of the pulling program chosen are compatible with the materials
used for fabrication. This work described the fabrication of ultrasmall electrodes using
quartz glass capillaries and hard temper platinum wire. Other materials could possibly
be used for fabrication of ultrasmall probes but the parameters used in the pulling

program would have to be modified.

These electrodes may be used for a number of applications among which the
measurement of fast heterogeneous electron transfer rates as described in the previous
chapter. According to existing theory the smaller the electrode radius is the faster the
response time. Attempts to measure the RC time constants of nanoelectrodes produced
in this work were unsuccessful as the current produced by the nanodes were too low to
measure. However it is thought that significantly faster response times would not be

achieved, as the stray capacitance would prevent a decrease in the cell time constant.
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Chapter 7

Conclusions and Future Work



“When you make the finding yourself - even if you’re the last person on Earth to see the

light - you’ll never forget it.”

Carl Sagan



7. Conclusions

As is evident from the title of this thesis that the work presented has focused on two
principal areas, which are important in the area of electrochemical research today.
These areas are the modification of an electrode surface with spontaneously adsorbed
monolayers, which provide an ideal platform for the study of electron transfer reactions,
and the development of a technique to fabricate nanometer sized electrodes. Chapter 1
provided a description of the electrical double layer. An understanding of the
unmodified electrode/electrolyte interface is important in the study of processes such as
voltammetric analysis, electrodeposition and metal corrosion. In Chapters 3 and 4
capacitance measurements have been carried out at an unmodified interface. This was
then compared to capacitance measurements when the electrode surface was modified
with sub-monolayer to monolayer coverages of two anthraquinone derivatives; 1-amino,
2-sulphonic, 4-hydroxyanthraquinone (1,2,4-AQASH) and 1,5-dimethoxyanthraquinone
(1,5-DMAQ). It has been observed that the double layer capacitance decreases
significantly when the mercury electrode surface is modified. The extent to which the
capacitance decreases can be used to predict the packing density of the monolayers. A
lower interfacial capacitance is indicative of a close packed assembly, as ions and
solvent molecules are blocked from the interface. In both investigations it has been
concluded that the reduced (hydroquinone) form of 1,2,4-AQASH and 1,5-DMAQ form

tighter packed monolayers than the oxidized (quinone) form.

The other results presented in Chapters 3 and 4 provide a detailed investigation of the
thermodynamics and kinetics of adsorption in anthraquinone systems. Quinonoid
molecules form tightly bound adsérbate layers on mercury, are stable in both redox
forms and exhibit nearly ideal electrochemical responses in low pH electrolyte
solutions.  Initial experiments probed the electrochemistry of 1,2,4-AQASH. The
dependence of the surface coverage, as determined by integrating the area under the
voltammetric wave on the bulk concentration was best described using the Frumkin
adsorption isotherm in which both quinone and hydroquinone forms were stabilized. A
spike appeared in the anodic branch of the cyclic voltammograms and this was
attributed to lateral hydrogen bonding interactions, when the intersite separation
between adsorbates was 3 A or less. The mechanism of monolayer formation is

uncomplicated when 1,2,4-AQASH adsorbs on mercury. An equilibrium CV response
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was attained on a sub-second timescale. The molecules adsorb parallel to the electrode
surface, this has been confirmed through Raman spectroscopy measurements. The
second anthraquinone derivative under investigation, 1,5-DMAQ was studied to model
the adsorption dynamics leading to equilibrium surface coverage on the electrode
surface. Depending on the concentration of 1,5-DMAQ in the deposition solution the
time taken for an equilibrium CV response to establish varied. The experimental data
was fit to a number of models, including 1st and 2rd order, diffusion and adsorption.
The change in the cyclic voltammetric response over time was thought to be due to
reorganization of adsorbates on the electrode surface. 1,5-DMAQ initially adsorbs in a
perpendicular orientation with a smaller area of occupation per molecule and hence a
higher surface coverage before reorienting into a coplanar configuration with a lower
surface coverage. This parallel orientation results in a more stable structure with a
higher electron density. This work is the first to deal with adsorption and desorption

dynamics of an anthraquinone derivative molecule on a mercury surface.

The electrochemical properties of two component anthraquinone monolayers was
investigated in Chapter 4 by coadsorption of 1,2,4-AQASH and 1,5-DMAQ on
mercury. The formal potentials of the two molecules were separated by approximately
70 mV on the potential axis and so cyclic voltammetry could be used to investigate the
properties of these mixed monolayers. The thermodynamics and kinetics of adsorption
have been modeled to determine the mode of adsorption and structure of the mixed
monolayer, when equilibrium surface coverage is reached. Coadsorption was seen to
have a significant effect on the strength of adsorption of the two molecules. 1,5-DMAQ
was preferentially adsorbed from mixed deposition solutions. Based on the cyclic
voltammetric response it is believed that mixed monolayers are composed of discrete
and separated phases rather than being randomly distributed. The competitive Frumkin
isotherm predicts that there is preferential adsorption between dissimilar adsorbates.
The Kkinetics of monolayer formation was modeled. 1,2,4-AQASH spontaneously
desorbs from the electrode surface and 1,5-DMAQ adsorbs on the available surface
area. Desorption kinetics were modeled by a first order process, while the kinetics of
surface binding and reorganization best described the adsorption of 1,5-DMAQ.
Diffusion of the electroactive species towards the electrode surface was not rate

limiting.
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Another topic to be investigated in the experimental work of this thesis was the rate of
heterogeneous electron transfer in monolayers of 1,2,4-AQASH. The redox reaction of
this anthraquinone proceeds by the transfer of two electrons coupled to the uptake of
two protons from solution. Coupled electron and proton transfer reactions are important
in areas such as catalysis, molecular electronics and biological systems. Fast
electrochemical measurements were performed to probe this fast electron transfer step
and these results were presented in Chapter 5. Rate constants have been determined for
the oxidation and reduction reactions by fitting the experimental data to the Butler
Volmer and Marcus theories of electron transfer, the basic concepts of these models
were outlined in Chapter 1. In low pH solution the rate of proton transfer exceeds the
rate of electron transfer and a mechanism for the oxidation and reduction reaction has
been proposed. Oxidation proceeds by e'H+e'H+ and reduction proceeds by H+e'H+e\
However the mechanism at high pH is less well understood. The conclusion from the
experimental results presented in this work is that the redox reaction involves the
transfer of 2 electrons and one proton, leading to a mechanism which proceeds by
e'H+e', e'e'H+ or HHH+e\ Further experimental studies will need to be carried out to
elucidate the mechanism of proton and electron transfer in the redox reaction of these

quinone molecules.

In order to measure the fast electron transfer rates described above ultrasmall mercury
electrodes were necessary. Every electrochemical measurement has a lower timescale
limit that is imposed by the RC cell time constant. As the size of an electrode decreases
the response time decreases also. This is important, as it is only at times of 5-10 RC
that meaningful kinetic data can be measured. In this work mercury microelectrodes
were fabricated by first constructing platinum microelectrodes. Deposition of mercury
on the electrochemically cleaned platinum surface was performed to produce a
hemispherical drop. This work led to the fabrication of nanometer-sized electrodes
using a microelectrode puller and this work was presented in Chapter 6 of this
document. The nanometer sized electrodes were characterized using techniques such as
cyclic voltammetry, optical microscopy and scanning electron microscopy to determine
the quality of the seal between the glass and the wire. The fabrication procedure has
been optimized to produce nanoelectrodes which display good voltammetric properties.
Deposition of mercury onto these nanometer sized platinum electrodes was carried out.

This was achieved with varying degrees of success, depending on the geometry of the

277



nanoelectrode produced from the pulling procedure. Cyclic voltammograms of an
adsorbed redox probe reveal that there is significant contribution from stray capacitance,
which is thought to be due to the design of the electrodes. Future experiments could
focus on modification of the fabrication procedure, to produce nanoelectrodes with an
electrical connection that causes less stray capacitance. One important application of
these nanometer-sized electrodes is in Scanning Electrochemical Microscopy. This
technique records microscopic images of surfaces and provides information on the
conducting nature of the substrate. Imaging resolution is limited by the tip radius, so
substantial improvements in resolution would be obtained by using electrodes of

nanometer dimensions.

In conclusion, the work presented in this thesis provides new insights into the kinetics
and thermodynamics of anthraquinone adsorption, nanoelectrode fabrication and
characterisation and the elucidation of the energetics and dynamics of coupled proton
and electron transfer. However, much more work is still to be done in this area, and the

possibilities for further experimental research work are vast.
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Appendix 1

Abbreviations and Symbols



[AQ]
[1,2,4-AQASH]
[15-DMAQ]
bpy

cV

DMF
FWHM
HCIO4
UCIO4

pOp

p2p

p3p

py

Q2H
SAM
SECM
SEM
SFM
ST™M
UME

Standard Abbreviations

Anthraquinone

l-amino, 2-sulphonic, 4-hydroxyanthraquinone

1,5-dimethoxyanthraquinone
bipyridine

cyclic voltammetry

N, N-dimethylformamide

full width at half maximum
perchloric acid

lithium perchlorate
4,4'-dipyridyl
I,2-bis(4-pyridyl)ethane
4,4'-trimethylenedipyridine
pyridine

quinone

hydroquinone

selfassembled monolayer
scanning electrochemical microscopy
scanning electron microscopy
scanning force microscopoy
scanning tunnelling microscopy

ultramicroelectrode
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Emn
Ep
Epa
Epc
Eh
AGads
AEpi/2
Asrc

Symbols
area
capacitance
double layer capacitance
diffusion coefficient
charge on an electron
final potential
initial potential
maximum potential
minimum potential
peak potential
anodic peak potential
cathodic peak potential
Fermi energy
Free energy ofadsorption
Epa—FEpc in CV
reaction entropy
Faraday constant: charge on one mole ofelectrons
coefficient in the Frumkin isotherm
anodic peak current
cathodic peak current
steady state current

Boltzmann constant

standard heterogeneous electron transfer rate constant

number of electrons involved in overall reaction
charge passed in electrolysis

electrode radius

gas constant

or resistance
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cm2

pF cm

<<<<<<<O‘37
N
wm

(¢}
<

Jmol'l
\Y
J mol' K*

C

JK'1

cm s'l

C
cm
J K'lmol'l
Q



ri

kG

XS

sO

Eop

SS

Greek Symbols

transfer coefficient

absorption coefficient
overpotential, E - Eq

diffusion layer thickness

surface coverage

electronic transmission coefficient
total reorganisation energy

inner sphere reorganisation energy
outer sphere reorganisation energy
permittivity of free space

optical dielectric constant of solvent
static dielectric constant of solvent

potential scan rate
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M'1
V, mV
cm

molcm'

KJ mol'
KJ mol*
KJ mol'
Fcm'l

Vs'l
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Impact of Hydrogen Bonding on the Redox Properties of
1-Amino-2-sulfonic-4-hydroxyanthraquinone Monolayers

Robert J. Forster,*" Tia E. Keyes,*Mary Farrell,Tand Dominic O’Hanlon'

School of Chemical Sciences, National Center for Sensor Research, Dublin City University,
Dublin 9, Ireland, and School of Chemistry, Dublin Institute of Technology, Dublin 4. Ireland

Received April 11, 2000. In Final Form: July 26, 2000

Monolayers of 1 amino-2-sulfonic-4-hydroxyanthraquinone, 1,2.4-AQASH. havebeei urmedon mercury
electrodes by spontaneous adsorption. Films were deposited from solutions containing either quinone or
hydttxtainone forms where the bulk concentfatlon, Cb, was between 0.1 and 5/jM. These films have been
used jis model systems to probe the effect of Intersite separation and redox composition on hydrogen
bonding interactions in two-dimensions. Both resonance Raman spectroscopy and surface coverage data
indicate that at the open-clrcult potential the adsorbates are coplanar with the electrode surface. For
surface coverages. T. less than approximately 1.4 m10~*molcm z(Cb< 15/<M) monolayers formed from
the quinone exhibit close to ideal voltammetrlc. responses with a peak-to-peak splitting of 17 mV being
observed. Also, the full widths at half-maximum are 53 and 63 mV for the cathodic and anodic branches,
respectively. Capacitance data reveal that the adsorbates interact only very weakly within fully oxidized
or reduced films. The free energy of adsorption is larger for the quinone (-35.3 + 0.2 kj mol ) than Tor
the hydroquinone (—33.5. £0.3 kJ mol "} monolayer. In contrast to fully oxidized or reduced monolayers,
(he dependence of the surface coverage as determined from the area under the voltammei ric peak, ie,
Where the film is of mixed redox composition, on the bulk concentration is best modeled by ihe Frumkin
adsorption isotherm. The interaction parameters, g, are negative for monolayers formed from both quinone
(-0,29 £ 0.05) and hydroquinone (-1.78 + 0.22) forms indicating stabilizing lateral interactions Where
the Intersite separation is less than approximately 3 A, i.e., when Texceeds 14 10 Ilmol cm \ (lie
anodic branch of the voltammogram becomes distorted and a current spike Is observed. These data are
interpreted in terms of lateral hydrogen bonding between the carbonyl and hydroxy moieiies whet) the

film is in a quinhydrone form.

Introduction

Self-assembled monolayers represent a facile, flexible
approach to rationally controlling the chemical composi-
tion and structure ofsurfaces.lln particular, monolayers
composed of fuur.Lionalized alkanethiols can form mono-
layers that are highly ordered on the molecular length
scaled The formation of these ordered assemblies depends
on twodistinrl interacllons: first, chemisorption onto the
surface based oil the high affinity of sulfur for the metal
surface, e.g., the Au—S bond strength3is of the order of
160 kj mol  second, stabilizing lateral van der Waals
interactions between the adsorbates. These lateral in-
teractions are weak, and ordered monolayers are typically
obtained only for long chain (more than 10 methylenes)
systems. Our interest, is in developing systems which
exhibit strong spontaneous adsorption but have stronger
lateral interactions, such as hydrogen bonding, to drive
(lie formation of ordered assemblies using smaller
molecules.l “ In solution, molecules can undergo trans-
lational motion in three-dimensions and hydrogen bond
strengths are of the order of 20 kj mol-1. However, in the
case of monolayers, there is a reduction in the dimen-
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Scheme 1

21+ + 2c~

sionalit.y of the system and the local microenvironment of
the tnolecule may be dramatically different from tliai found
insolution.7For example, we recently reported8onsingle

and two-component monolayers of anthraquinone-2,7

disulfonic acid and I-chloro-4-hydroxyanlhraquinone. In
stark contrast to the behavior observed in solution, in
essentially aqueoussolution these monolayers exhibited
intermolecular hydrogen bonding in which the 2,7-AQDS
and 1,4-AQCIOH adsorbates , las electron acceptors and
donors, respectively.

Here, we report on spontpi if usly adsorbed monolayers
of l-amino-2-sulfonir-4-hydroxyanthraquinone, 1,24-
AQASH (Scheme 1), on mercury electrodes. These al
thraquinones are attractive building blocks for supramo-
lecular assemblies because the fund ional groups presenl,

(7) Ariga, K.; Kunitakc, T Acc. Chii/n. Jin. 1998, 31. 371
(8) O'l lanlon, D ; For.sler. R J /¢jngmull 2000. id 702
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i.e., amino, sulfonic, and hydroxy groups, are capable of
undergoing intramolecular hydrogen bonding. Moreover,
one might anticipate that these interactions would depend
on the redox composition of the film since the carbonyl
oxygen of the oxidized quinone, Q, acts as an electron
acceptor while the hydroxy group of the reduced hydro-
quinone, H2Q, acts as an electron donor. Monolayers can
be attractive model systems for probing the distance
dependence of lateral interactions since, in theory, the
intersite separation can be controlled simply by varying
the surface coverage. However, this approach is useful
only if partial monolayers consist of randomly distributed
adsorbates rather than islands in which close packing
occurs. To address this issue, we have probed the
dependence of the peak potentials on the surface coverage
and found that at low coverages the adsorbates interact
only weakly. A second potential difficulty in using an-
thraquinones as building blocks is that adsorption is
reversible and the surface coverage may depend on the
applied potential. Therefore, we have used measurements
of the interfacial capacitance to probe the strength of
lateral interactions within films that contain only quinone
or hydroquinone forms of 1,2,4-AQASH. Moreover, we have
used cyclic voltammetry to investigate intermolecular
interactions within films of mixed redox composition. For
monolayers formed using the oxidized quinone species,
significant distortion and a current spike on the anodic
branch are found when the bulk concentration exceeds
approximately 1.5 /iM. In contrast, for hydroquinone
monolayers a current spike is observed only when the
bulk concentration exceeds approximately 20 ,«M. The
dependence of the surface coverage as determined by
integrating the area under the voltammetric wave on the
bulk concentration is best described by the Frumkin
adsorption isotherm in which both quinone and hydro-
quinone forms are stabilized. This behavioris interpreted
in terms of the effects of relatively stronger quinone
adsorption and the distance dependence of two-dimen-
sional hydrogen bonding between quinone and hydro-
quinone forms.

Experimental Section

Apparatus. Cyclic voltammetry was performed using a CH
instruments model 660 electrochemical workstation, a PAR
F.G&G mode] 270 hanging mercury electrode, and a conventional
three electrode cell. Potentials were measured against a potas
siunichloridesaturated silver/silver chloride (Ag/AgCl) reference
electrode. A large area (~2 cm?2) platinum flag was used as the
auxiliary electrode. All solutions containing 1,2,4-AQASH were
thoroughly degassed by purging with nitrogen which was
maintained overthesolutionduringall measurements. The area
of the mercury electrode was determined using the density of
pure mercury (13.546 g cm-3) by dispensing, collecting, drying,
and weighing 100 drops of mercury. An electrochemical area of
0.0140 + 0.0007 cm Avas obtained. This area was also confirmed
by recording cyclicvoltammograms under steady state and linear
diffusion conditions using [Ru(N'H;;)fiF as asolution phase probe.

Raman spectroscopy was conducted on a Diior.Jobinyvon.Spex
Labram. The exciting 140 mW argon ion laser (514.5 nm),
attenuated to 70 mW, was focused through a custom made
electrochemical cell onto either the solution or the mercury
electrode surface using a 10 x objective lens. The beam diameter
when focused is approximately 3 /im producing approximately
10° W cm-2at the sample. Focusing was confirmed by using a
CCD camera in imaging mode. A spectral resolution of 1.5 cm -1
per pixel was achieved using a grating of 1800 lines/mm.

Materials and Procedures. 1 Amino 2-sulfonic 4-hydroxy
anthraquinone (1,2,4-AQASH) wasobtained from BASF and used
asreceived. Solutionswere prepared using Milli-Q purified water,
and unless stated otherwise, the supporting electrolyte was
10M HC1()|. Spontaneously adsorbed monolayers were formed
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Figure 1 Cyclic voltammograms fora hanging mercury drop
electrode immersed in a 1/tM (light line) or 5 mM (dark line)
solution of 1,2,4-AQASH dissolved in 1.0M HCIO&where the
scan rates are 5and 0.05 V s-1,respectively. The potential scan
was started at the negative limit. Anodic currents are down,
cathodic currents are Lip

by allowing the anthraquinone at micromole per liter concentra
tions to adsorb onto the mercury electrode surface from elec-
trolytic solutions. At high concentration, dense monolayers were
typically formed within a few tens of milliseconds Atconcentra
tions where sub-monolayer coverage was attained, repetitive
cyclicvoltammetry wasperformed until the peak currentbecame
independent of time. Transferring the modified surfaces into
blank electrolyte caused the monolayer to rapidly desorb; i.e.,
adsorptionis reversiblein thissystem.  Therefore, all experiments
were performed with micromolar concentrations of the an
thraquinone in solution.

Results and Discussion

General Electrochemical Properties. Figure |
shows a cyclic voltammogram recorded at 5 V s lfor a
mercury electrode immersed in a 1.0 /(M solution of
lI-amino-2-sulfonic-4-hydroxyanthraquinone (1,2,4-AQASH)
where the supporting electrolyte is 1.0 M HCIO4The
response observed is consistent with that expected for a
redox-active species immobilized on an electrode surface
For example, Gaussian peak shapes are observed whose
shape isindependentofscan rate, v, and the peak height
scales linearly with scan rate up to at least 50 Vs The
coverage obtained from (lie background-corrected charge
under (he voltam metric waves is (6.81 01) 10 ]1mo|
cm-2.Thisbehaviorcontrasts with the diffusive tails and
V[|Zdependence ofthe peak current associated wilh freely
diffusing species.910Thal the voltam metric response for
an adsorbed species increase.", as Vrather than uil2means
that current response is dominated by the adsorbed
reactanL at high scan rates. For example, given that the
diffusion coefficient of 1,2,4-AQASH is (5.6 £ 0.8) 10 B
cm 2s-1in solution, at a scan rate of 5 Vs lthe solution
phase reactant contributes less than 0.3% to the total
current observed in Figure 1.

Under these conditions of low surface coverage (r <
1.00 x 10~lomolcm-2), a AEtof 17+ 2 mV as well as full
width at half-maximum (fwhm) of53 *# 3 and 63 * 8mV
are observed for the cathodic and anodic branches,
respectively. W hile both AFy and fwhm are somewhal
larger that the theoretical vaIues]l]ZofO and 45.3 mV,
respectively, the volLam metric response isconsistent with

(9 Bard. A.J : Faulkner. L. R. Eleccrochrmical Methods. Funda-
mentals and AppHc;inans. VVilry: New York. 1980
(10) Wnpschall. R. 1-1: Sliain. I Anal. Chrni. 19(>7. 39. I1SM
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Figure 2. Resonance Raman spectra for 1,2,4-AQASH dis-
solved in 10 M HCIO here the balk concentration is 100 ¢iM
(light line) and for an adsorbed monolayer on a mercury
electrode at the open circuit potential (dark line). In both cases
an Ar+ laser (514.5 nm) was used for excitation.

that expected for an ideal redox reaction involving the
transfer of two electrons to an adsorbed species.13 15
The thick line of Figure 1 shows the cyclic voltammo-
gram obtained for solution phase 1,2,4-AQASH. These
data reveal that the formal potentials are -96 and -58
mV for the solution phase and adsorbed species, respec-
tively, That ¢ “'shifts in a positive potential direction upon
surface confinement indicates that 1,2,4-AQASI-l is harder
to oxidize when adsorbed and has a lower electron density.
Raman Spectraof 1,2,1-AQSH Monolayers and in
Solution. Figure2shows Ramanspectrafor 1,2,4-AQASH
both as a monolayer on a mercury electrode at the open
circuit potential (+0.10 + 0.05 \0 and in solution. Given
that the An,, of 1,2,4-AQASH is 52(5 nm, tiie excitation
source, i.e.. an Ar+laser at 514.5 nm. is preresonant with
the visible n-ji* transition of 1,2,4-AQASH. In these
Raman experiments, the bulk concentration is 100 /<M,
which is sufficiently high to form a dense monolayer vide
supra. The Raman spectrum for the monolayer is .sig-
nificantly differeni from Ihal found for solution-phase
1,2,4-AQASH most likely because interactions of Ihe
adsorbate with I he surface alter the symmetry, and hence
the vibrational selection rules, of the system. At the open
circuit potential the monolayer is oxidized and a band at
1640 cm-1 corresponding to the c =0 stretching is
observed.le This mode is shifted to higher energy by
approximately 30 cm 1 oil adsorption, indicating a
strengthening of the C=0 bond. Since any additional
electron density would occupy antibonding orbitals, this
result is consistent with the formal potential data
presented earlier which indicated that the electron density
on the anlhraquinone decreases when it is adsorbed.17
Significantly, while the solution phase species exhibits a
strong aromatic ring breathing mode at 1004 cm *, this
mode is greatly diminished in the monolayer spectrum.
The ratio of the intensity of the ring-breathing mode

(11) Lav!run. F. J, Electrwnal, Client. 1974. 52, 395.

(12) Brown. A. P.; Anson, F. C. Ann! Client. 1977, if). 1589.

(13) Forster. R. .1 Arwlw 1996, 121. 733.

(14) Forster. R. J. Elvrirochem. Soe. Prof 199ti. Ws. 65.

(15) Fnrster, R J. Langniuli 1995, |l. 2247,

(IcS) Coll Imp. N B, Intraliirtloiito//ifnirediirKflZanwtiSixxiiosiwfiy.
Academic Press: Boston, MA, 1987.

(17) /.hang, J.\ Anson. F C, .1 Elertroiinul Glii'in. 1992, i145.

Langmuir C

E/V
Figure 3. Dependence of the cyclic vollammetric response of
a hanging drop mercury elec trode on the bulk concentration of
1,2.4 AQASH in 1.0 M HCIO-t The concentrations are (from
top to bottom) 3, 1.5. 1 0.5, and 0.1 /(M. The initial potential
is -Q.180 V. The scan rate is 5V s-1.

relative to the C=Q stretch (/hi®/c-0). is approximately
1.2 in the monolayer compared to approximately 7.7 for
the quinnne in hulk electrolyte solution. That the ring-
breathing mode is suppressed relative to the C=*() stretch
in the monolayer suggests that the qufnone is adsorbed
coplanar with lhe electrode surface. This result contrasts
with investigationsofsulfonatedanthraquinones on silver
and gold where the ratios were approximately 2,0 and 0.3
for the monolayer and powder, respectively, indicating
that the adsorbate is approximately perpendicular to the
surface on solid electrodes.1819

Lateral Interactions. Figure 3 illustrates the volta-
mmetric responses obtained as the bulk concentration,
CB,of 1,2,4-AQASH is systematically varied from 0.1 to
3.0 /fM, The increasing area under the voltammogram
indicates that the surface coverage increases from ap-
proximately 0.4 lo 1.5 :0 10 mol cm 1 over this
concentration range. Also, when the bulk concentration
exceeds approximately 1.5/rM. a current spike is observed
on ihe anodic branch. Current spikes have been previously
reported by Anson.I7McDermott**and Faulkner/lall of
whom examined disulfonated anlhracjuinones. They per
formed investigations on mercury and graphite electrodes
and all suggest that the spike isdue to changes within the
adsorbed monolayer through hydrogen bonding interac-
tions. In particular, Faulkner*’ suggests the possibility of
condensat ion from a gaslike collection of isolated species
to a liquid or solid hydrogen-bonded network, Given its
structure, 1,2,4-AQASH oughl Lo he capable of intermo-
lecular hydrogen bonding, e.g.. between Ihe carbonyl and
hydroxy functionalities of the oxidized and reduced forms.

Monolayers represent attractive model systems for
understanding (he distance dependence of two-dimen

(18) NlIshiymna. K.: Taliara, S.; Udiida. Y.; Tanoue, S.; Taniguchl.
I . Electroaml. Chew 1999, '178. 83.

(19) Sang Woo. Il; Tai Hwan, H.; Chang Hwan. K.; Kwan, K.
Lttngmtiir 1998. H, 6113.

(20) Truong. C. Ta.: Kanda. V.; McDermott. M. T.
1999. 103. 1295.

(21) He, P :Crooks. R M ;Faulkr “r 1 R 1 Pinl. Chem. 1990. 94.
1 135.

Phvs. (‘hem.
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Figure 4. Dependence of the anodic {*) and cathodtc (a) peak
potentials on the surface coverage of 1.2.4 AQASH The
monolayers were formed from the oxidized, quinone, form of
the compound at +0.18 V. The supporting electrolyte is 1.0 M
HC104

sional interactions since the intersite separation can, in
theory, be controlled by changing the surface coverage.
However, this approach is useful only if incomplete
monolayers consist of randomly dispersed adsorbates,
rather than a small number of islands within which the
adsorbates are closely packed. The peak potentials can
provide a useful insight into this issue.

Figure 1illustrates the dependence of the anodic and
cathodic peak potentials, and Etc, on the surface
coverage of 1,2,4-AQASH for films assembled from the
quinone form at a potential of +0.180 V. For surface
coverages between approximately 0.1 and 1.2 x 10 lomol
cm*2, both die anodic and cathodic peak potentials are
insensitive to the surface coverage suggesting that at low
surface coverages the films exist as a random array of
adsorbates. While the presence of the current spike on
the anodic branch makes it difficult to determine an exact
value for Epa, Figure 4 suggests that the anodic peak
potential shifts abruptly in a positive potential direction
when the surface coverage exceeds approximately 1.5 >
10~10mol cm 2

Adsorption Isotherms. The equilibrium surface cov-
erage depends on the bulk concentration nf the an-
thraquinone. To obtain the adsorption isotherm,fl-2 the
surface coverages at equilibrium were determined by
integrating ihe background-corrected cyclic voltainmo-
grams. Figure 5 illustrates the dependence of the surface
coverage, F, on the bulk concentration of 1,2,4-AQASH
for both reduced and oxidized forms, i.e.. where the
monolayers were formed at initial potentialsof-0.600 or
+0.180 V. In this way. a limited insight into the effect of
changing the redox state of the adsorbate on the ther-
modynamics of adsorption can be obtained.

The peak potential data presented in Figure 4 indicate
that adsorbates interact with one another, at least at high
surface coverages. The Frumkin adsorption isotherm
accounts for lateral interactions by modeling the free
energy of adsorption as an exponential function of the
surface coverage9i,22
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Figure 5. Dependence of the surface coverage on the bulk
concentration of the quinone (A and m denote the areas under
the anodic and cathodic peaks, respectively) and hydroquinone
(* denotes both anodic and cathodic data) formsof 1.2.4 AQASH.
The supporting electrolyte is 1.0 M HCiOi. The dashed lines
represent the best fits io the Frumkin adsorption Isotherm.
Where errors bars are nol visible, errors .determined from at
least three independently formed monolayers are comparable
to the size of the symbols.

Table t. Saturation Coverages, Adsorption Coefficients,
and Frumkin Interaction Param eters for 1,2,4-AQASH
M onolayers Assembled from Both Oxidized, Q, and

Reduced, H22, Species
quinone hydroquinone
10 I017molenr 1.94 £0.13 14 +0.1
13IM* 1 (1.27 £0.11) x 106 (0.56 + 0.05)
AG/kJ mol"1 -34.8 + 0.8 -32.1 i IG
-0 29+ 005 -1.78 + 022

g

where 0\= TJTSM T[ is the coverage of 1,2,4-AQASH in
mol cm-2 at a bulk concentration C), rsil, is the saturation
coverage obtained at high bulk concentrations, and fi is
the adsorption coefficient. Attractive interactions are
indicated by g < 0 and repulsive interactions by g > 0.

Figure s shows thal the optimized Frumkin isotherm
provides a satisfactory fit to the experimental surface
coverages for monolayers assembled from both reduced
and oxidized forms. Moreover, a good correlation (A* >
0.99) is observed between the experimental bulk concen-
trations of 1,2,4-AQASH and those predicted by the
Frumkin model. Table 1contains the best-fit parameters.
The onlysignificantdeviation from Frumkin-type behavior
is observed for monolayers assembled from the oxidized
form where the bulk concentration is 1.5 uM. This is the
lowest concentration for which a currentspike is observed.
That the experimental data can be accurately modeled
according to the Frumkin isotherm indicates the lateral
interactions exist in films of mixed redox composition.
Significantly, the interaction parameters are negative for
both oxidized (—0.29 + 0.05) and reduced (—L1.78 + 0.22)
monolayers indicating that both species, Q and H2Q, are
more stable in a monolayer of mixed redox composition.
However, the observation that the two parameters are
numerically different from one another suggests thal
adsorbate—solution interact .ons, which will be sensitive
to the redox composition of the solution, may influence
the magnitude of the interaction parameters. These
interaction parameters correspond to a free energy of

(22) Trassat.i. S. J Elrctroaiwl Chom 1974. 5V. 335
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Figure 6. Dependence of the double layer capacitance on the
bulk concentration of the quinone (’) and hydroquinone: (a
forms of 1,2,4-AQASH monolayers formed on hanging mercury
electrodes. The tmerfacial capacitance was determined using
scan rate dependent cyclic vollaimnetry at potentials of+0.180
and -0.401) V. The supporting electrolyte Is 1.0 M HCIOj. The
inset shows the best-fit linearized Langmuir isotherm.

approximately -0.37 + 0.05 and -2.2 +0.1 kJ mol ‘. for
films assembled from quinone and hydroquinones forms,
respectively. This stabilization most likely involves hy-
drogen bonding between the carbonyl and hydroxy func-
tionalities present in Ihe oxidized and reduced forms of
1,2,4-AQASH.

The free energy of adsorption, AG*. can be determined
from the adsorption coefficient in conjunction with eq 2.

ft = exp(-AGV/?27) )

The free energies ofadsorption are —34.8 + 0.21 and —32.1
+ 1.6kJ mol 1for monolayers assembled from Q and H"Q,
respectively. Thus, in common with previous reports on
related systems,4 682 the adsorbates are strongly bound
to the electrode surface. However, these data suggest that
monolayers formed using Q are relatively more stable.

The saturation surface coverages observed for Q and
HZ are (1.9 + 0.1) and (1.4 = 0.1) x 10 M mol cm 2
corresponding to areas occupied per molecule of ap-
proximately 8l»and 120A2respective|y. These occupation
areas are both larger than the value 70 A2predicted by
energy minimized molecular modeling for a nonsolvated
adsorbate. However, they are significantly larger that
those associated with edge-on adsorption*3of anthraquino-
nes where the area per molecule is typically less than 35
A2 Therefore, consistent with the resonance Raman
experiments discussed above, these isotherm datasuggest
coplanar adsorption. Adifficulty in trying to use Faradaic
data to determine surface coverages is that if T changes
continuously in response to the applied potential, then
the Faradaic charge may not reflect the actual coverages
of Q and H2Q. Therefore, we have probed the dependence
of the monolayer capacitance on the bulk concentration
of both oxidized and reduced forms.

Effectof Potential on Adsorption Thermodynam-
ics. Figure 6 illustrates how the interfacial capacitance
as measured at +0.180 and —0.400 V changes as the bulk

(23) Soriaga, M P.; Hubbard, A T. J. Am. Chew. Soc. 1982. 104,
2735.
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concentration of 1,2,4-AQASH is systematically varied
from 0.1 to 5,uM, where the supporting electrolyte is 1.0
M HCIOj. For a modified interface, the total double layer
capacitance, Cdi, depends on both the capacitance of the
film, cfiim, and the diffuse layer. Cm. as described by eq
3.

Ql = QIm + Qif )

As the concentration of the supporting electrolyte is
increased, the double layer is compressed causing the
diffuse layer capacitance to increase9 For supporting
electrolyte concentrations less than 0.6 M HCIO4 the
double layer capacitance increases before becoming in-
dependent of the electrolyte concentration, i.e.. in 1.0 M
HC104 the diffuse layer capacitance is sufficiently large
so that the total capacitance becomes dominated by lhe
film capacitance. Figure 6 shows that G changes from
approximately 37 fiF cm"2for aclean unmodified mercury
surface to values of approximately 24 and 20 ,«F cm 2for
oxidized and reduced monolayers, respectively, at high
bulk concentrations.

The dependence of the interfacial capacitance on the
surface coverage cati be described by the parallel capacitor
mode! originally proposed by Delahay and co-workers.*1
The double-layer capacitance for incomplete monolayers
is represented by an equivalentcircuit containing the two
parallel capacitances describing the contributions from
the modified and bare regions of the electrode surface.
For this model, the total double layer capacitance, Qj is
given by

QI = Qnono (Qare — ~rrumoKIl — (4)
where Ciwe ar>d Cnop are the double-layer capacitances
of a bare and densely coated electrodes, respectively, and
0 is the fractional surface coverage.

This parallel capacitor model allows the linearized
Langmuir isotherm to be expressed according to eq 5.

S'm on Og
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Hence, the interfacial capacitance corresponding to adense
monolayer on the electrode surface together with the
adsorption coefficient can be determined from the slope
and intercept of a plot of CJ{Chale — Cdj) vs Q. The solid
lines of Figure 6 shows that close agreement is achieved
between the best fit provided by the parallel capacitor
model and the experimental data for both oxidized and
reduced films. Moreover, the inset of Figure 6 shows thaL
plots of CJ(C\M.- Gil)vs C, are linear indicating thal the
Langmuir isotherm provides an appropriate description
of adsorption of fully oxidized and reduced films. The
absence of lateral interactions contrasts sharply with the
Faradaic data presented earlier which could only be
accurately modeled by the Frumkin adsorption isotherm
because of strong lateral interactions when both Q and
H”Q coexist on the surface.

As shown in Table 2, the best fits to the experimental
data are obtained where the dense monolayer capaci-
tances, Cnurg are 19.2 + 0.9 and 17.0 £ 11 /4 cm 2for
fully oxidized and reduced monolayers, respectively. That
the capacitance is slightly lower for the reduced films
suggests that the packing density may be higher in the
fully reduced monolayers. This limiting capacitance can
be used to provide an insight into the local microenvi-

(24) Delahay. P.: Trachtenberg, I / Am (hem Soc. 1957. 79. 2355
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Table 2. Limiting Interfacial Capacitances and
Adsorption Coefficients for 1,2,4-AQASH Monolayers
Assembled from Both Oxidized, Q, and Reduced, HgQ,

Species8
quinone hydroquinone
CmonJpF c¢m -2 19.2 £0.9 17.0 + 1.1
1?2IM -* (1.53 £ 0.11) x 106 (0.77 £ 0.07) x 106
AG/kJ mol-1 -35.3 £0.2 -33.5 £ 0.3

3Parametersdetermined from the dependence ofthe interfacial
capacitance on the bulk concentration fitted to a Langmuir
adsorption isotherm.

ronment within a dense monolayer. For example, that
the E" shifts by 38 mV upon surface confinement might
suggestthatthe local microenvironment, e.g., the dielectric
constant, is significantly different within the film.

The dielectric constant of the monolayer can be esti-
mated from Qtojw using eq 6

Niiiiiio ec(HiM A ©

where «, is the permittivity of free space, etimis the film
dielectric constant,and d is the monolayer thickness. The
film thickness is taken as 4 A, i.e., the interplane
separation as taken from energy-minimized molecular
modeling of crystalline 1,2,4-AQASH. Consistent with
the formation of an organic film and displacement ofwater
and anions from the interface, the dielectric constants
are approximately 8.7 and 7.7 for reduced and oxidized
monolayers, respectively. Therefore, changes in the local
microenvironment, as well as partial discharge upon
adsorption are responsible forthe shift in formal potential
upon surface confinement.

A significant advantage of using capacitance data to
probe monolayer formation is that adsorption coefficients
can be determined for both oxidation states. The values
obtained for (he Q and H2Q forms are (1.53 £ 0.11) and
(0.77 + 0.07) « 10BM respectively, indicating that
despite its lower saturation coverage the oxidized form of
1,2,4-AQASH adsorbs relatively more strongly to the
electrode surface.

Origin ofthe Current Spike. That the dependence
of the interfacial capacitance on the bulk concentration
can be accurately modeled using the Langmuir adsorption
isotherm indicates that lateral interactions are weak in
fully oxidized and reduced films irrespective of the surface
coverage. Figure 3 shows that the voltammetry for films
assembled from oxidized 1,2,4-AQASH is close Loideal for
surface coverages less than approximately 1.4 x 10 n
mol cm 2 Moreover, tlie anodic peak potential is inde-
pendent of r for this range of surface coverages. These
observations suggest that for surface coverages in this
range the monolayers exist as weakly interacting, ran-
domly dispersed adsorbates. Energy minimized molecular
modeling indicates that the area ofan unsolvated molecule
is approximately 70 A2((«6.6 x 10.8 A). Therefore, for
surface coverages <1.4 x 10 10mol cm 2the average area
occupied per molecule will be more than 120 A2leading
to an intersite separation of at least 3 A. This intersite
separation is too large to allow efficient intermolecular
hydrogen bonding beLween the carbonyl and hydroxy
functional groups that exist in the quinhydrone films.

In contrast, when the bulk concentration is such that
the surface coverage is greater than 1.6 x 10~I0molcm~2,
the intersite separation will be less than 2.4 A allowing
hydrogen bonding interactions between the —C=0 and
—OH groups that coexist in films of mixed redox composi
tion. These lateral interactions mean that Faradaic data
of the type presented in Figure 5 can only be accurately

Forsteimel a!

Table 3. pAa Values for the Functional Groups within
1,2,4 AQASH As Determined Using Solution-Pliase
UV —Visible Spectroscopy™

couple pKa
-SOsH/SO}- 32
-NH44 52
—0H /0“(4-position) 7.4
H2Q/HQ- 9.6
HQ-/Q2- 11B

3The belween-ruri error on the pKavalues is typically 0.2 pH
units.

modeled using the Frumkin isotherm. Significantly, the
capacitance data provide an important insight into why
the voltammetric spike is not observed at the same bulk
concentration for monolayers assembled from Q and H2Q.
Tahles | and 2 as well as Figures 5 and 6 indicate that
the free energy ofadsorption is significantly larger for the
oxidized adsorbate. Therefore, a higher bulk concentration
of HZ) is required to create films in which the intersite
separation is reduced to the point where efficient inter-
molecular hydrogen bonding can occur. For the range of
bulk concentrations presented in Figures 5 or 6, the surface
coverage of HjQ is always less than approximately 1.2
10 0tnolcm 2i.e., the intersite separation always exceeds
4.4 A. Experimentally, we find that current spikes are
observed for monolayers assembled from HjQ only for bulk
concentrations in excess of approximately 20 //M.

Proton Dependence of 1,2,4-AQASH Monolayer
Electrochemistry. The pH of the supporting electrolyte
will directly influence the extent of protonation of the
amino, sulfonic acid, and hydroxy moieties. Moreover,
under very basic conditions the electrochemistry will
become independent of pH with the quinone being reduced
in a two-electron reaction to (lie quinolate dianion. Q2 .
To probe I he acid/base chemistry of 1,2,4-AQASH, we have
investigated the elTect of changing the solution pH on the
7i-ji*transit ion oft he compound. The p/f\sfor the sulfonic
acid, amine, and hydroxy functional groups were deter-
mined by fil ling the change in the absorbance measured
at 260 nm to the Henderson—Haselbalch equation using
nonlinear optimization procedures. All changes were
confirmed to be reversible by first increasing and then
decreasing the solution pH using concentrated NaOl land
HCIO.i, respectively. The p/C data are summarized in
Table 3 These data reveal that the p/Cs are widely spread
from 3.2 + 0.2, corresponding to the protonation/depro-
tonation reaction of the sulfonic acid group to 11.6 + 0.2
for the HQ /Q2 reaction of the hydroquinone. Thus, in
principle it ought to be possible to probe the effect of
protonation at distinct sites on the overall stability of the
monolayer.

Figure 7 illustrates the ell'ect of changing the solution
pH on the cyclic voltammograms observed for dense
quinone monolayers O'= 1.8 10 ,nmol cm 2 where a
current spike is observed. For 1.0 < pH < 4.2, F" shifts
linearly in a negative potential direction with increasing
electrolyte pH with asiopeof63 + 4 mV/decade. The same
behavior is observed for incomplete monolayers where
the current spike is absent and the electrochemical
properties are close to ideal. Given that these data are not.
corrected for liqguidjunclion potentials, this experimental
value agrees with (he 59 mV pH 1value expected for a
redox reaction involving the transfer ofequal numbers of
electrons and protons. Thus, intramolecular proton trans-
fer from the protonated sulfonic acid orammonium moiety

YO(@]%'LI. A jbnidnookofOrmir (hofnisirv. MeQand lilt Naw
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Figure 7. Cyclic voltammograms of a mercury electrode
immersed in a 5/<M solution of 1.2,4 AQASH as the pH ofthe
electrolyte solution is varied. From left to right, the pH of the
solution is 1.03, 2.20, 3.15, arid 4.10. The scan rale is5V s'l
and the supporting electrolyte is 1.0 M HC10.| titrated directly
in the electrochemical cell with concentrated NaOH.

tothe reduced quinone is not.importantoverlhis pH range
and ihe coupled proton transfer occurs I'roin solution. As
the solution pH increases. lhe voltamrnetry becomes less
well defined and aL a pH ofapproximately 4, two distinct
peaks are observed on the cathodic branch. The total
charge under these two peaks is indistinguishable from
that observed under the single peak found at low pH
suggesting that the redox transformation does not involve
one-electron reductions to the radical anion 1,2,4-
AQASH* and in lhe quinolate dianion. In contrast, it
appears lhatthe two peaks arise because the concentration
of both H.t()1land OH ions issignificantly less ihan that
oflhe quinone. Specifically, forsolution pH values greater
than approximately 4.0, the proton concentration allows
only a fraction ofthe quinone bereduced to the protonated
hydroquinone giving rise to the first set ofpeaks at an 'm™
dictated by the bulk pH ofihe solution.“ However, because
electron and proton transfer are coupled in this system,
electrolysis isaccompanied by a significant change in ihe
interfacial pH. Thus, a second set of peaks is observed as

(26) Forster, R. J.; O'Kelly, J. P. J. Electroanal. Chein., in press.
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the remainder of the quinone is reduced to the deproto-
nated form of the hydroquincne.Z7

A Significant feature of this System is that spontaneously
adsorbed monolayers do not larm at solution pHs above
4,2. Not withstanding the low dielectric constant of the
monolayer thai is likely toincrease the apparent pX.iS. on
the basis of the spectroscopic data, this behavior is
probably associated with significant deprotonation of the
sulfonic acid moiety. Deprotonation of the sulfonic acid
will make the compound neutral (Qquaternary ammonium
plus conjugate base of ihe acid) which becomes signifi
cantly more soluble in the medium that contains 30%
DMF. Future experiments will address this issue by
forming monolayers in solutions in which the organic
content is systematically varied.

Conclusions

Monolayers of 1-amIno-2-sulfonic-4-hydroxyanthraquino-
ne have been formed in both oxidized and reduced forms
by spontaneous adsorption from aqueous solutions. These
two dimensional supraniolecu.lar assemblies have been
used to probe the effect ofchanging the inters!le separation
and ihe redox composilion of the monolayer on the extent
of lateral hydrogen bonding. Monolayers formed from the
hydroquinone. HZQ. exhibit nearly ideal electrochemistry
at low surface coverages, in contrast, for monolayers
assembled from the quinone form of the compound, when
the intersite separation isofthe order of3 A the adsorbates
interact strongly and a current spike is observed. In
contrast, capacitance data reveal Lhat adsérbales within
fully oxidized or reduced films do not interact strongly
irrespective of the surface coverage.

The spontaneous formation ofa monolayer is driven by
a large negative free energy of adsorption which is
approximately-32 kJ mol 1land does not depend strongly
on the oxidation slate of the adsérbate. While very much
weaker than this strong physisorplion process, lateral
hydrogen bonding interactions within quinhydrone iihns
are of the order of - 2 kJ mol leven when the films are
in contact with an essentially aqueous medium. Signill
cantly, in contrast to traditional alkanethiol monolayers
these lateral interactions can be modulated by changing
llie redox composition of Ihe film or the solution.
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