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ABSTRACT 

The main aims of this project were to produce nanoclusters at the interface between 
two immiscible electrolyte solutions (ITIES) via a heterogeneous electron transfer 
(ET) reaction and to examine the possibility of charge transfer reactions with these 
clusters, in a two-phase system. In order to do this it was first necessary to gain an 
7understanding of the general features associated with simple ET processes at these 
interfaces. 

One of the problems associated with the study of ET at the ITIES is the limited 
number of suitable redox couples available; particularly redox couples soluble in the 
organic phase. This problem was addressed using 6-coordinate Ru(lI) complexes. 
The ET reactions at the ITIES and at a metal electrode electrolyte interface were 
probed using electrochemical techniques. Simple, quasi-reversible, heterogeneous 
ET was observed between these complexes and the hexacyanoferrate couple in the 
aqueous phase, the rate of which was much slower than at the metal electrode
electrolyte interface. This is related to the increased distance between the redox 
species at the ITIES. Kinetic and thermodynamic parameters were related to the 
degree of accessibility of the redox centre. 

The nucleation and growth of transition metal nanoclusters at the ITIES, as a 
consequence of ET to metal ions in the aqueous phase, was investigated using both 
electrochemical and spectroelectrochemical techniques. It was shown that, with 
careful choice of the experimental conditions, the potential controlled deposition of 
Hg, Au, Pt and Ag clusters at the interface is possible. The potential step and 
voltammetric responses obtained show behaviour characteristic of nucleation at a 
solid electrode. Thus, a model derived for nucleation at a solid electrode was applied 
to Ag and Pt nucleation at the ITIES in order to determine particle size. The 
dimensions of the particles deposited are in the nanometer size range. The presence 
of a passivating ligand in the case of Ag nucleation caused its low reaction rate. 

The behaviour of these clusters at the ITIES was examined using electrochemical 
and spectroelectrochemical techniques. It was also shown that they can be charged 
via an interfacial ET reaction and are thus capable of acting as electrocatalytic 
centres. Also the Ag nanoclusters absorb and scatter incident light strongly in the 
visible region of the spectrum. 
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CHAPTER ONE 

INTRODUCTION 



1.1. Aims of the Project 

The main area of interest for this thesis is the electrochemistry of metal nanoclusters 

at the interface between two immiscible electrolyte solutions (ITIES). The initial 

stages of nucleation and growth of transition metal clusters at the ITIES, and charge 

transfer phenomena involving nanoclusters in two-phase systems were investigated. 

Since the cohesive energy of a metal is much greater than that of a liquid, the ITIES 

provides an ideal substrate for the study of the electrochemical generation and 

behaviour of metal particles. Before investigating the electron transfer (ET) reaction 

leading to the formation of a new phase, the well-established theory and 

experimental approaches currently applied to simple ET in the two-phase system 

were considered in order to gain an insight into these interfacial processes. 

Cyclic voltammetry was chosen as the main experimental method for the majority of 

this work due to its versatility. Potential step transients were also employed in the 

study of interfacial phase formation. In situ spectroscopic techniques coupled to 

cyclic voltammetry and potential step transients were used to investigate interfacial 

nucleation and growth reactions and properties of transition metal nanoclusters at the 

ITIES. 
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1.2. A Review of the Electrochemical Properties of the ITIES 

The "interface between two immiscible electrolyte solutions" (ITIES) refers to the 

liquid I liquid interface formed when an aqueous and an organic solution, each 

containing an electrolyte, are contacted. The polarisability of the interface is 

dependent on the electrolyte in each phase. The "potential window" refers to the 

potential range for which there is no transfer of supporting electrolyte ions; its size is 

extended by use of hydrophilic and hydrophobic aqueous and organic supporting 

electrolytes, respectively. Within the potential window, it is possible to study charge 

transfer processes. Heterogeneous ET and simple ion transfer (IT) are the most 

widely studied charge transfer reactions occurring at the ITIES. However, since IT is 

not a redox reaction, its standard potential is not related to the standard hydrogen 

potential scale for redox reactions at solid electrodes. 1 In order to facilitate the 

comparison of experimental results and existing thermodynamic data, a common 

scale is required. This involves an extra-thermodynamic assumption such as the 

"TPATPB assumption", which assumes that the standard Gibbs energies of transfer 

of the tetraphenylarsonium and tetraphenylborate ions are equal for any pair of 

solvents.2 Tables of standard transfer potentials of ions have been calculated based 

on this assumption 

The study of charge transfer phenomena at the ITIES have recently attracted interest 

due to the fundamentally important nature of these processes in many areas of 

science, including photochemical energy conversion,3,4 membrane science,5-9 

solvent extraction, 1 0-14 phase transfer catalysis (PTC) 15, 16 and drug delivery.1 7 

When a barrier to the charge transfer is introduced between the electrolyte solutions, 
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the ITIES provides a relatively simple bio-mimetic model for the study of biological 

charge transfer reactions. I8 Finally, since the ITIES allows the study of 

heterogeneous charge transfers without the complication of surface defects,19-21 

that are typical of solid interfaces, the ITIES provides an ideal surface for the study 

of phase formation reactions in the absence of interactions with the substrate. This is 

one reason for the current interest in this system for the study of nanoparticle 

formation22-24 and polymer growth.25-27 Before the kinetics of these charge 

transfer processes can be considered, an understanding of the microscopic structure 

of the double layer region at the ITIES is required. 

1.2.1. Structure of the double layer at the ITIES 

The original model of electrochemical interfaces proposed by Guoy and Chapman 

(GC) was derived for the metal electrode I dilute electrolyte solution interface; ions 

were considered to behave as simple point charges and the solvent as a dielectric 

continuum medium. Based on these assumptions, the Poisson-Boltzmann equation 

was solved to give the relationship between potential and surface charge density. A 

modified model of electrochemical interfaces was introduced later on. This 

considered the interface to include an inner, ion-free layer, composed of highly 

orientated solvent dipoles, the Stem model.28 In this model, ions from the base 

electrolyte could approach the electrode surface to within a certain distance (equal to 

their hydrated radius) without being specifically adsorbed or desolvated, but the 

possibility of specific interaction between ions and electrode giving rise to their 

specific adsorption it also considered. 
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At the ITIES, there exists an interfacial potential difference due to the partitioning of 

the ions of a salt between the phases. The first model proposed for the structure of 

the ITIES (the Verwey and Niessen (VN) model) involved the direct transposition of 

the GC model derived for the metal electrode I dilute electrolytic solution 

interface.29 The electrical double layer was described as consisting of two non

interacting, back-to-back diffuse layers located at either side of the interface. 

Analysis of the potential dependence of IT kinetics led to a formalism similar to the 

Butler-Volmer equation for ET at the metal electrode I electrolyte interface. 

The modifications proposed by Stem for the model of the metal electrode I 

electrolyte solution interface were also adopted for the model of the ITIES to give 

the modified Verwey and Niessen (MVN) model. 30,31 This model considered the 

interface to include an inner, ion-free layer, composed of highly orientated solvent 

dipoles, present between two diffuse layers. The potential drop across this ion-free 

layer is an important parameter in the analysis of the rate of charge transfer across 

the interface. 

The structure of the interfacial layer is a matter of much debate, but the existence of 

an inner mixed solvent layer whether with32,33 or without,34-39 interfacial ion 

pairing between ions from each adjoining phase is most reasonable. The existence of 

a mixed solvent layer where ions can penetrate, separating the diffuse layers has also 

been proposed.40 The molecular behaviour of the liquid I liquid interface has 

recently been described using Monte Carlo simulations, suggesting that the interface, 

although molecularly sharp, possesses thermally fluctuating capillary wave-like 

distortions.41 Long-time averaging (several picoseconds) results in a relatively 
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smooth interface.42 The "mixed solvent region" theory for describing of the ITIES 

seems reasonable when the fact that the two solvents forming the interface have a 

certain, albeit limited, solubility in the other is considered. 

The structural model of the interface is simplified when a high ionic strength is 

present in the aqueous phase, since the aqueous diffuse double layer can be 

neglected34 and the interface can be considered to consist of a boundary on the 

aqueous side formed by the termination of the concentrated aqueous electrolyte. 

1.2.2. Charge Transfer 

While the first electrochemical study of the ITIES was made in 1902,43 it was not 

until ca. 1970 that it was established that this type of interface could be polarised and 

that the Galvani potential difference between the two phases could be used as a 

driving force for charge transfer reactions.44,45 The development of a four electrode 

potentiostat46 and the concept of a polarisable interface based upon the standard free 

energy of IT47 allowed charge transfer reactions to be studied at the ITIES using 

modem electrochemical techniques. 

As already mentioned, two general categories of heterogeneous charge transfer 

processes occur at the ITIES, IT and ET. (It should be noted that these two processes 

can affect each other.) Conventional electrochemical techniques such as cyclic 

voltammetry,16,48-53 convolution potential sweep voltammetry,51 current scan 

polarography,48,54,55 and ac impedance spectroscopy,48,51,56-60 which are based 
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on the measurement of net charge transfer across the liquid I liquid interface, have 

been applied to the study of charge transfer phenomena. Since all these methods 

exhibit an inherent difficulty in discriminating between ET and IT and the accuracy 

of measurements are greatly affected by uncompensated iR-drop from the organic 

phase, there is some debate about the accuracy of kinetic parameters obtained using 

these techniques. In this respect, the advantages of using modem techniques such as 

scanning electrochemical microscopy (SECM)61-65 and in situ spectroscopic,66-72 

have been discussed. 

1.2.2.1. Ion Transfer (IT) 

The transfer of an ion (i) from one phase to the other is accompanied by a faradaic 

current and can be described by: 

i (aq) I i (org) (1. 1) 

where aq and org refer to the aqueous and organic phases respectively. The reaction 

is fast, (k>10-2 cms-1 at macroscopic interfaces) diffusionally controlled and follows 

an heterogeneous first order rate law. Facilitated IT (FIT) occurs when the transfer of 

the ion is facilitated by the presence of an ionophore in the adjacent phase. The 

presence of the ionophore commonly shifts the ions' transfer potential to within the 

potential window by decreasing its Gibbs energy oftransfer.73-75 
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1.2.2.2. Heterogeneous ET 

Heterogeneous ET occurs when a redox couple located in one phase exchanges an 

electron with a redox couple located in the other phase. For a one-ET process the 

reaction can be written as: 

R (aq) + 0 (org) c;z:O (aq) +R (org) (1.2) 

where 0 and R refer to the oxidised and reduced fonns of the redox species. 

Reaction (1.2) is second order but analysis is simplified to pseudo-first order by the 

use of a concentrated solution of a fast redox couple in the aqueous phase. I6 This 

also means that ET theories, which regard the polar medium as a continuum,76-79 

can be applied, since the aqueous diffuse double layer can be neglected.34 ET 

reactions are slower than IT reactions. 16 The reasons for this are the large separation 

between the redox species and the high reorganisation energies involved. 

Photoinduced ET (PET) occurs when a photo-excited species (sensitiser) in one 

phase exchanges an electron with a redox couple (quencher) in the other phase. 

Much published work on charge transfer processes at the ITIES has concentrated on 

IT.I In order that ET reactions at the ITIES can be considered simple, the reactants 

and products of the redox reaction should not partition across the interface or transfer 

within the potential window, nor should they adsorb at the interface or react with the 

supporting electrolyte or solvent. 80 Finding an experimental system that meets all of 

the above criteria is difficult. The lack of an ideal system has meant that few ET 

systems have been systematically studied and this has led to a limited understanding 

ofET kinetics at the ITIES. 
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In one of the earliest examples of ET at the ITIES involving the reduction of a metal 

ion, it was reported that the application of a current across the liquid I liquid interface 

to an stable redox system, consisting of aqueous Cu(II) and hexacarbonylvanadate, 

led to the formation of a metallic film at the interface. Partitioning was not a 

problem, since the solubility of the redox couples in the adjoining phase was 

extremely low.81 

Samec et a1.49,51,52,54,82 and Kihara et a1.55 studied the ET between the 

hexacyanoferrate couple in water and ferrocene in the organic phase using four 

electrode cyclic voltammetry (CV). It was concluded that while HET does occur 

between the two redox centres; the reaction is not ideal, since the ET response is 

complicated by factors including interfacial ion pairing and decomposition of 

ferricenium (the oxidation product of ferrocene) in the organic phase. While 

hexacyanoferrate is unlikely to partition to the organic phase due to its large Gibbs 

energy of hydration, transfer of the organic couple, or its oxidation product, may 

occur and affect the ET process. All of these factors made the accurate analysis of 

results difficult. In some cases, it was not even possible to distinguish between the 

two processes.54 Later studies48 of the same reaction, suggested that the ET reaction 

is complicated by the transfer of ferricenium to the water phase at negative potentials 

(IT-ET coupling). AC voltammetry studies of this system have been employed to 

study the kinetics of the HET process.60,83 

It was recognised that the use of a more hydrophobic redox couple in the organic 

phase could solve the problem of coupled IT -ET. HET reactions were reported for 

9 



the hexacyanoferrate couple In contact with lutetium 16,60 and tin 

biphthalocyanines,15 tetracyanoquinodiomethane (TCNQ),8,55,60 metallopor

phyrins53 and tetrathiafulvate.55 ET-IT coupling has been investigated.48,84 The 

lutetium biphthalocyanine-hexacyanoferrate system gave the first evidence of true 

(un-coupled) ET across inhomogeneous media. 16 The extremely hydrophobic nature 

of this high molecular mass compound makes coupling of IT and ET highly unlikely. 

The effect of increasing the hydrophobicity of the organic redox couple was studied 

systematically using substituted ferrocences.48 However, in this case, experimental 

complications involving the supporting electrolyte, meant that use of a more 

hydrophobic redox couple did not have the desired effect on the ET -IT coupling 

problem. 

As already suggested, the choice of supporting electrolyte can have a major effect on 

the ET process. Alternative anions including tetrakis[ di-3,5-triflouro

methylphenyl]borate (TDTFMPB) and tetrakis[pentafluorophenyl]borate (TPBFs) 

were considered by Stewart et a1.85,86 Tetraphenylborate (TPB) and tetrakis[4-

chlorophenyl]borate (TPBCI) are most commonly used, since they give a reasonably 

large potential window. However, much evidence now exists to suggest that the 

tetraphenylborate (TPB) anion is problematic including. For instance, it can be 

oxidised by permanganate,55 or by ferrocene derivatives;48 it has also been reported 

that TPAsTPBCI is prone to photodecomposition.23,87 More recently, similar 

complications have been avoided by use of the fully fluorinated tetraphenylborate, 

which is much more difficult to oxidise.24,88 
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The hexacyanoferrate couple has been used widely as aqueous redox species for 

several reasons,; it is soluble at high concentrations, it undergoes outer sphere ET, 

both components of the couple are commercially available, it is relatively stable and 

it has a large Gibbs energy of hydration. The fact that this couple has been so widely 

used in ET studies facilitates comparison between systems but other aqueous redox 

couples have also been considered.55 

The interfacial potential, at a liquid/liquid interface can be controlled 

electrochemically by applying an external potential,15,79 or chemically, by use of 

partitioning ions or of a "phase transfer catalysis" (PTC). PTC is extensively used in 

organic synthesis and for the preparation of metallic nanopartic1es.89 The influence 

of the phase transfer catalysis has been comprehensively studied by Cunnane et a1. 15 

These authors demonstrated that the role of the PTC is to fix the interfacial Galvani 

potential difference and hence, establish the conditions necessary for ET reactions to 

take place. An heterogeneous system consisting of hexacyanoferrate and tin 

diphthalocyanine was employed to demonstrate this principle and spectroscopic 

techniques were used to monitor the reaction. 
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1.3. Phase Formation at the ITIES 

The two-phase reduction of Au ions by sodium borohydride in the presence of a thiol 

and a PTC, first introduced by Brust et al. 89 is now commonly employed for the 

preparation of transition metal particles. Recently, surface modified Ag particles 

have been formed at the ITIES by use of a PTC and a subsequent homogenous EC 

process in the organic phase.90 

Interfacial phase formation at a liquid I liquid interface as a consequence of a HET 

reaction at the ITIES was demonstrated for Cu deposition in 1975.81 More recently, 

Au23 and Pd24,91 particles have been deposited at the ITIES by the application of a 

suitable interfacial Galvani potential difference (or current)91 to the system 

consisting of a redox couple in one phase and a metal ion in the other phase. The 

advantage of using electrochemical techniques to prepare metal colloids is that the 

supersaturation can be controlled by the applied interfacial potential, whereas in 

conventional chemical synthesis control of the reaction rate is difficult. The basic 

theory for nucleation and growth of a metal at the ITIES have been shown to be 

essentially the same24 as that for the same process at a metal electrode I electrolyte 

interface, i.e. any nucleus exceeding the critical size will grow under diffusion 

control.92,93 However, due to the nature of the electrode surface (Le. the ITIES) the 

system offers some advantages over the metal electrode I electrolyte interface for the 

study of the nucleation phenomena. For example, the cohesive energy between the 

newly formed substrate and the interface is much less that that with a metal and the 
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ITIES is free from defects, which act as preferential nucleation centres. In these 

respects, the ITIES is considered to be a "soft interface".94 

Analysis of the nucleation and growth reaction at the ITIES is complicated by the 

fact that diffusion of both species to the interface must be considered, since neither 

couple is present in excess. Theoretical aspects of the reaction have been addressed 

and a nucleation and growth model for the ITIES based on the models derived for the 

reaction at the metal electrode I electrolyte interface has been derived.24,91 

Interestingly, Johans et. al. concluded, from a consideration of thermodynamic 

theory, that small particles do not remain at the interface after formation but migrate 

into solution.94 The use of growing particles at the interface as a catalyst has been 

considered.95 

Another example of a HET reaction leading to phase formation at the ITIES is the 

production of polymers.26,27This reaction involved a HET coupled to an EC 

mechanism and these authors noted also that the mechanism for the growth of the 

polymer differed from that observed at a metal electrode. 

1.4. In situ Spectroeiectrochemistry at the ITIES 

The incorporation of in-situ spectroscopic techniques with traditional 

electrochemical experiments96-98 and at the ITIES99 has proven both a popular and 

effective means of monitoring solution phase reactions. Typically, electrochemical 

perturbations are introduced and the system responses are monitored 
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spectroscopically. The speed at which optical responses can be recorded enables 

more detailed examination of fast processes and the high resolution of these 

techniques allows the observation of the early stages of the formation of a species. 

Unlike electrochemical techniques, the spectroscopic response is specific to the 

faradaic processes and as a result is less sensitive to iR-drop and double layer effects. 

Thus, potential modulated spectroscopic techniques can be used to help differentiate 

between interfacial processes e.g. IT and adsorption or ion-pair formation. Since 

charge transfer reactions across the ITIES depend highly on these features, this type 

of information can be used to obtain a more complete understanding of the 

mechanisms of interfacial reactions. 

Chronoabsorptometry and differential cyclic voltoabsorptometry (DCY), carried out 

in the absorption mode,72,100,101 and potential modulated reflectance (PMR) 

spectroscopy, 1 02-1 04 which is carried out in the total internal reflectance (TIR) 

mode, have successfully been applied to the study of charge transfer processes at the 

ITIES. 

For measurements made on the TIR mode, an incident beam is reflected by the 

interface and the reflected signal is collected. DCY involves the superimposition of a 

sinusoidal potential signal to a constant dc signal, while chronoabsorptometry 

involves the application of a potential step to the system and the absorption transient 

for each is recorded as a function of time. The change in the light intensity reflected 

from the ITIES due to the absorption of transferring species for IT, or the formation 

of products for ET, is the fundamental basis for these techniques. PMR involves the 
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superimposition of a sinusoidal potential signal to a constant dc bias and the 

reflectance signal is measured at the frequency of ac perturbation. The use of 

spectroelectrochemistry as a technique to probe charge transfer phenomena at ITIES 

has been reported for differential cyclic voltfluorometry (DCY), 1 05 

fluorescence 1 06, 1 07 and in situ electron paramagnetic resonance (EPR) 

spectroscopy. 69 ,99 

In situ spectroelectrochemistry techniques have been generally applied to the study 

of adsorption and IT processes. It was demonstrated that, despite a reversible 

electrochemical response for fluorescence dyes at the ITIES, dynamic spectroscopic 

measurements revealed that adsorption processes also take place.104 The adsorption 

properties of at the interface were studied by PMR spectroscopy and a potential 

dependent adsorption process was revealed. From the combined electrochemical

spectroscopic data, these authors suggested that specific adsorption of ions does not 

necessarily involve interfacial ion pairing as was previously suggested.40,60 

A similar approach based on the identification of the reaction products generated by 

a RET process is possible. Ding et al. studied the ET between hexacyanoferrate in 

the aqueous phase and TCNQ and dimethylferrocene (DMFc) in the organic phase, 

whereby the generation of products was monitored using in situ UV -YIS 

spectroscopy. This approach allowed thermodynamic and kinetic information to be 

obtained. 72,108 

15 



It was previously demonstrated that the growth of a metal film at the liquid I liquid 

interface could conveniently be followed by non-invasive spectroscopic techniques 

using transmission UV -VIS spectroscopy23 and ellipsometry for Au. l09 This 

approach is possible since colloidal solutions of many transition metal particles 

j 

absorb strongly in the visible region,nO due to the excitation of surface plasmon 

resonances. The optical properties of particles vary with size, symmetry and how 

close the particles are to each other. An understanding of the kinetics and mechanism 

of in situ particle formation would undoubtedly provide useful mechanistic 

information. 

1.5. Properties of Nanoparticles 

Metal colloids (d >10 nm) have been known since the time of Faraday, but have 

recently become the focus of intense interest due to their "unusual" properties. The 

properties of these particles are unlike those of either bulk metal or of the atomic 

state. The reason for this is that a large percentage of a nanoclusters' atoms lie on the 

surface and these surface atoms do not necessarily order themselves in the same way 

as those in the bulk state. As a result, their electrons are confined to a small space, 

giving rise to quantum size effects. I I 1 

Since the particles properties are dependent on their size, composition and shape, one 

of the most immediate goals in this area is the development of methods to achieve a 

reproducible synthesis of clusters of a predetermined size, composition and shape. 

Traditionally, chemical methods are used for the synthesis of particles. These 

methods provide reasonably monodisperse particle syntheses. However, as these are 

purely chemical reactions, the reduction rate is difficult to control. 
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CHAPTER TWO 

THEORY 



2.1. Charge Transfer processes at the ITIES 

2.1.1. Thermodynamics of Charge Transfer processes at the ITIES 

2.1.1.1. Simple Ion Transfer (IT) 

The transfer of an ion (i) from one phase (a) to another (P) is accompanied by a 

faradaic current and can be described as follows: 

i(a) I i (P) (2. 1) 

When two phases are contacted, a Galvani potential difference (ll.~ ~ = ~p _ ~ a) 

between the two phases results. At equilibrium, the Galvani potential difference 

A A 0 RT I [a j J 8' tf... = 1l.1-' tf... +- n -
a~1 a~1 F P 

Zj a. 
I 

(2.2) 

where ll.~~i is the standard potential for IT of the ion i from the phase a to p and a is 

the activity of the ion. 

If two phases containing the same electrolyte (AB) are contacted, the equilibrium is 

A B (a)CZ AB (P) (2.3) 

where AB can dissociate into a cation A and an anion B. When these concentrations 

are equal, the Galvani potentiai difference (ll.~ ~ ) is given by: 

(2.4) 
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where y is the activity coefficient of the ion, T is the absolute temperature, R is the 

gas constant and F the Faraday constant. In this case ~~ ~ is independent of the 

electrolyte concentration and the interface formed IS electrochemically 

nonpolarizable. Phase Transfer Catalysis (PTC) represents a specific example of a 

nonpolarizable interface. The equilibrium is described as: 

C D(a)c;t CE (~) (2.5) 

This represents is a special case of Equation 2.3 where only one common ion (C) is 

present in the two phases and only C can transfer across the interface. The potential 

difference between the two phases is determined by the activities of the common ion 

in each phase, according to the Nernst equation at ITIES given by: 

8~~ = 8g~~ + ~T In( :~ J (2.6) 

where t.~~c is the standard potential for the transfer of C. C is called a potential 

determining ion and can be used as a chemical method of fixing the interfacial 

potential. 

Charge transfer phenomena at a liquid I liquid interface are studied usmg a 

polarisable interface. In this case the two phases contain dissimilar electrolytes A 

general example of a polarisable ITIES is given below: 

AB(a)c;tCD(~) (2.7) 

The electrical field in the inter~acial region controls the Galvani potential difference 

and this can be altered using an external source. As the electrical field is altered, ions 

cross the interface to re-establish electrochemical equilibrium. In the potential region 

where this current is small, the interface is considered polarisable, and this region is 
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called the potential window or the polarisation window. In practice, an ITIES can be 

polarised if the aqueous and the organic electrolytes are respectively very hydrophilic 

and very hydrophobic. 

2.1.1.2. Heterogenous electron transfer (HET) 

Heterogenous electron transfer (HET) occurs when a redox coup I.e located in one 

phase (a) exchanges an electron with a redox couple located in the other phase (P), 

for a one ET process the reaction can be written as follows: 

(2.8) 

Where 0 and R refer to the oxidised and reduce forms of the redox species 

respectively. Reaction 2.8 can be considered to be pseudo-first order when the 

concentration of one redox couple is greatly in excess of the other. At equilibrium, 

the Galvani potential difference for ET (!::. P ~ ET ) is given by: 

(2.9) 

where !::.p~o is the standard potential electron transfer potential: 

(2. 10) 

Equation (2.9) is the general relationship between the thermodynamic properties of 

the redox components and the position of equilibrium in a two phase redox system, 

and it shows that the position of equilibrium is determined by the standard potentials 

of the redox couples and by the interfacial Galvani potential difference. In this 

manner the redox phenomena in a two phase system differs from those in a single 

phase system, since for the latter the position of equilibrium is determined only by 
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the standard potentials of the redox couples. For a given two phase system the 

position of the equilibrium can be determined electrochemically, by applying an 

external Galvani potential difference, or chemically, by the use of a partitioning ion 

which is not a part of the redox system. From Equation 2.9, it is clear that it is 

necessary to match the standard potentials of two redox couples as closely as 

possible, in order to observe interfacial ET within the limited potential window 

available for ITIES studies. In theory it should be possible to observe ET between 

two redox couples provided that this condition is fulfilled, irrespective of the 

magnitude of their standard redox potentials. 

2.2. Electrochemically controlled Nucleation 

As already discussed, the advantage of using electrochemical techniques to prepare 

metal particles is that the supersaturation can be controlled by the applied interfacial 

potential, whereas in conventional chemical synthesis control of the reaction rate is 

difficult. 

Experimentally, electrochemical nucleation can be studied in one of two ways, at 

controlled potential or at controlled current. The transients obtained relate to the 

current flowing through the cell and the potential developed between the working 

and the reference electrodes respectively. Cyclic voltammetry indicates the presence 

of nucleation by an enhanced peak separation of an otherwise normal mass transport

c()ntrolled voltammogram, and by the presence of a characteristic crossover of the 

current in the cathodic branch (nucleation loop). Potential step (I-t) transients can be 

used to determine the induction time, nucleation rate constant and nuclear number 
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densityl for nucleation and growth process.2 Since the growth of nuclei of 

electrodepositing metals can only take place by a faradaic process the observed 

current provides an exact measure of the combined rate of nucleation and growth of 

nuclei. The characteristic appearance of the transient is a rising section, 

corresponding to the growth of the electro active area as established nuclei grow and 

as new nuclei are formed, followed by a slow decrease due to diffusionally 

controlled growth. The maximum current (Im) at time (tm) of the transients can be 

used to identify the nucleation behaviour of the system in two extreme conditions. 

In the galvanostatic experiment, on the other hand, current is controlled and hence 

nucleation occurs at a pre-determined rate, the degree of supersaturation is monitored 

as an overpotential throughout the process. The current step is also a useful means of 

detecting the presence of nucleation and potential maxima occur at the beginning of 

the transition time. The height of the maxima is related to the formation of the new 

phase. 

Since the basic theory for the nucleation and growth of a metal at the ITIES is 

essentially the same3 as those for the same process at a metal electrode I electrolyte 

interface, it is necessary to first consider the theory derived for this process. 

The deposition of a monolayer of a metal onto an inert substrate is a two-step 

process. The first step involves the formation of a nucleus (3-dimensional growth 

centre) of the new phase by nucleation and this requires a large overpotential. Until 

nuclei are formed, this is a relatively slow process. At this stage, nuclei grow 

independently of each other by hemi-spherical diffusion. The second step involves 
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the subsequent overlap of growth centres, until eventually growth is controlled by 

linear diffusion and follows the Cottrell equation (2-dimensional growth). Several 

models have been proposed for the intermediate time interva1.4-7 

The geometry of the growth centre is highly sensitive to the interaction between the 

deposit and the substrate. The situation is complex since growth at several centres 

(and the overlap of their diffusional zones) is involved. 

The parameters (nucleating rate constant, nucleus density and growth rate) for the 

hemi-spherical diffusion controlled growth can be controlled by applied potential and 

information on these parameters can be obtained from analysis of the current-time 

transient. 

2.2.1. Thermodynamics of Nucleation 

Nucleation at the metal electrode I electrolyte solution interface is a homogenous 

process except in the ET step. The reaction can be described as follows: 

(2. 11) 

where M is the metal of charge z+. The Nemst Equation gives the equilibrium 

potential of this reaction: 

(2. 12) 

where EO and Ee are the standard and the equilibrium electrode potentials 

respectively. The surface activity of ad-atoms at equilibrium is a'" . If the electrode 
Mads 
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potential is changed to a value (Ee+ll) where II is the overpotential, the surface 

activity of ad-atoms is determined by the relationship: 

(2. 13) 

In classical nucleation theory (i.e. homogenous nucleation, which is based on the 

nucleation of a liquid drop in the absence of a substrate), the free energy of formation 

of a spherical nucleus (D.G ) is the' driving force for phase formation. It represents the 

thermodynamic stability of the new phase with respect to the initial bulk phase and 

can be described by: 

D.G = 8Gbu1k + 8G surface 

4 3 
8Gbu1k = -7tr D.G y 

3 

(2. 14) 

(2. 15) 

where r is the radius of the particle formed, D.G y is the Gibbs free energy of 

formation of the bulk phase per unit volume (V). This is always a negative quantity 

when an overpotential is applied and is given by: 

D.G = nFPll 
v V 

(2. 16) 

where P is the density of the deposit. The surface contribution to the Gibbs energy of 

formation is given by: 

2 
8G surface = 4nr y (2. 17) 

where y is the surface tension. 8G surface is associated with the formation of the new 

phase and is a positive quantity. For small values of r, the 8G bu1k term is negligible 

and D.G ~ 8Gsurface' Thus D.G is a positive quantity. Conversely for large values ofr, 

the second term (8Gsurface) is negligible, so D.G ~ 8G bu1k which is a negative 

29 



quantity. Differentiation of equation (2.14) with respect to r yields the following 

expression for the maximum free energy. 

(2. 18) 

where M is the molecular weight. The particular value of the radius (re) where the 

Gibbs free energy has this maximum value is known as the critical radius (a nucleus 

having a radius equal to the critical radius is called a critical nucleus.) where: 

2y 
r =---

c ~Gv 
(2. 19) 

This relationship is called the Gibbs-Kelvin equation and it relates the Gibbs free 

energy of an interface to its radius of curvature. According to equation (2.19) above, 

a nucleus with a radius in excess of the critical radius will tend to be stable and grow 

spontaneously while a nucleus with a radius smaller than the critical radius will be 

unstable and will decay. The critical radius is related to the overpotential as follows: 

2yM 
rc =---

zFll 
(2.20) 

2.2.2. Kinetics of Nucleation 

The rate constant for nucleation of a critical nucleus is related to the energy barrier 

(~Ge) as follows: 

rate = Aexp c ( -~G J 
. kT 

(2.21) 

where A is the pre-exponential factor. 

30 



For nuclei growing under conditions of mass transfer control, the current density at a 

time t, for fixed numbers of crystallites, N, growing by hemispherical diffusion flux 

is given as: 1 

I(t) = zFNn(2Dc )3/2.JMt 

JP 
(2.22) 

where c is concentration and D is the diffusion coefficient and N is the nuclear 

number density. This nucleation regime, where fresh nuclei are formed 

instantaneously, is referred to instantaneous nucleation. The hemispherical shape 

relates to the depletion zones around the growing crystallites more so than the 

crystallites themselves, as the former advance much more rapidly radially that the 

perimeters of the crystallites do. 

It is observed in many experiments that the nuclear number density, N, rapidly 

reaches a limiting, constant value. This condition of arrested nucleation is referred to 

as progressive nucleation. 

2zFAN oon(2Dc )3/2 M I 12t 3/2 
let) = 1/2 

3p 
(2.23) 

where Noo is the nuclear number density at long times. The ratio of the slopes of plots 

of the current time dependence of the progressive to instantaneous nucleation 

AN 
regimes can be used to evaluate __ 00_, which gives a good indication of the 

N 

magnitude of the rate constant. 1 The direct determination of A along with N is 

possible using the current maximum from a single transient. 6,8 

In each case (progressive and instantaneous nucleation) the current passes through a 

maximum and then approaches the limiting diffusion current predicted for mass 
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transfer to a planar electrode. The current (Im) and time (tm) corresponding to the 

maximum can be evaluated.2 The product Im2tm is a convenient diagnostic criterion 

of the type of nucleation occurring since it is independent of the nucleation and 

growth rates. Thus, at a given bulk concentration of electrodepositing species Im2tm 

should not vary with overpotential (where the overpotential is high enough to ensure 

that the surface concentration of the diffusing species is zero). The diffusion 

coefficient of the diffusing species can be obtained using this product and the 

following equation: 1 

I~tm = O.1629(zFc)2D (2.24) 

Alternatively, the transients can be presented in non-dimensional form4 by plotting 

12/Im
2 versus tltm and compared with the theoretical expressions: 

C~ r = 1.9542( tJ \- exp[ -1.256{ t: ) J)' 

C~ r = 1.2254( t: l-exp[ - 2.3367( tJ JJ' 

(2.25) 

(2.26) 

for instantaneous and progressive nucleation respectively. In both cases the current 

density approaches nFk3' at long times, since the remaining growth is restricted to 

the perpendicular direction. 

The nuclear number density (N), at a given overpotential, can be calculated from the 

current maxima from:4 

1m = O.682zFDc.JkN (2.27) 

where k is a constant depending on the reaction conditions, given by: k = .J81tcV , 

and V is the volume of the deposited phase. 
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2.3. Electrochemical Nucleation at the ITIES 

The generation of low valent transition metal complexes can be carried out 

electrochemically at the liquid/liquid interface if a metal salt is dissolved in either the 

organic or in the aqueous phase with a suitable reductant in the opposite phase. For 

the general reaction: 

R (0) + MZ+ (aq) c::. 0 (0) + M (cr) (2.28) 

The Galvani potential difference is given by: 

/10.", _/10.",0 + In RT (a O(o)a M(a) J 
13'Y ET - p'I' F -a-R-( 0-) a-M-+-:-

' 
(-aq-) (2.29) 

aM is the activity of the newly formed metal phase formed at the interface, which is a 

constant and equal to unity when M covers the interface with more than a monolayer. 

According to equation 2.29 it should be possible to deposit metallic particles 

electrochemically at the interface using an appropriate aqueous redox couple and 

applying an interfacial potential difference to shift the position of equilibrium or by 

the use of a PTe. As already discussed, the standard potentials of the two couple 

must be as close as possible to one another so as to ensure that ET is observed within 

the polarisation window of the two-phase system.9,IO 

A model has been developed for nucleation processes at the ITIES, taking the 

diffusion fields on both side of the interface into account. The process was observed 

to be different to that at solid electrodes, due to the absence of surface defects. It was 

also determined that nucleation rate depends exponentially on the applied Galvani 

potential difference. 3 
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CHAPTER THREE 

EXPERIMENTAL 



3. 1. Chemicals 

3. 1. 1. Solvents 

In order to form a stable interface between two solvents, they should have an 

extremely low mutual solubility, low vapour pressures and have appreciably different 

densities. Spectrophotometric grade 1,2-Dichloroethane (1,2-DCE, 99%+ Aldrich) 

and ultra pure water (MilliQ, resistivity is 18.2 Mn cm) were used as solvents for all 

liquid I liquid experiments. The former was used as received. 

3. 1. 2. Supporting electrolytes 

The size of the available potential window is extended by use of hydrophilic and 

hydrophobic aqueous and organic supporting electrolytes respectively. 

Organic pbase: The following supporting electrolytes were prepared by the general 

procedure described below: tetraphenylarsonium tetrakis( 4-chlorotetraphenyl)borate 

(TP AsTPBCI), bis(triphenylphosphoranylidene) ammonium tetrakis(pentafluoro

phenyl)borate (BTPP ATPBF 5) and tetraphenylarsonium tetrakis(pentafluoro

phenyl)borate (TP AsTPBF 5)' 

The following reagents were used for the synthesis of the organic supporting 

electrolyte without further purification: (bis[triphenylphosphoranylidene] ammonium 

chloride (BTPPACI, Purum, 98.0%, Aldrich), potassium tetrakis(4-chlorophenyl)-
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borate (KTPBCI, Selectophore ~98%, Fluka), tetraphenylarsonium chloride 

(TP AsCI, Fluka), lithium tetrakis(pentafluoro-phenyl)borate etherate, diethyl ether 

solvate (LiTPBFs, Boulder Scientific, USA.). The organic supporting electrolytes 

used had the general formula XY and were prepared by metathesis of the 

corresponding salts (XCI and LilNalKY) in a 2: 1 mixtures of methanol (AnalaR, 

BDH) and water (MilliQ). The resulting precipitate was washed with water (MilliQ), 

recrystallised twice from acetone (AnalaR, Fisons) and dried under vacuum for 3 

days before use. CRN microanalyses were performed on the organic supporting 

electrolytes to confirm purity. 

The following organic supporting electrolytes were used as received: tetrabutyl

ammonium tetraphenylborate (TBATPB, Puriss, Fluka), tetrahexyl-ammonium 

hexafluorophosphate (THAPF6, Aldrich) and tetrahexylammonium tetrakis-4-

chlorotetraphenylborate (THATPBCI, Fluka). 

Aqueous phase: Lithium chloride (LiCI, Ultrapure, 99.99%, Johnson Matthey), 

lithium sulfate monohydrate (LhS04.H20, MicroSelect, Fluka), hydrochloric acid 

(HCI, AnaIR, BDH), sodium thiosulphate pentahydrate (Na2S203.5H20, 99.5%, 

Sigma) and citric acid trisodium dihydrate (C6HSNa307 2H20, 99+%, Aldrich) were 

used without further purification. 

The aqueous phase commonly featured a high ionic strength in order to decrease the 

p-artitioning of the organic species between both phases by salting out. 1 ,2 

37 



3. 1. 3. Redox species 

Organic phase: The ruthenium complexes used for electron transfer studies (trans

Ru(l ,2-bis( diphenylphosphino ) ethane )2Ch (1) , trans-Ru(bis( diphenylphosphino)

methane hCh (2) and trans-Ru(1, l-bis( diphenylphosphino )ethene hCl (3), were 

obtained from Dr. Simon Higgins, The University Of Liverpool, U.K. 

Dimethylferrocene (DMFc, 97%, Aldrich) and decamethylferrocene (DCMFc, 

~95%, Aldrich) were used as received. 

Aqueous phase: The aqueous redox species used for electron transfer studies were 

potassium ferrocyanide and potassium ferricyanide (KtFe(CN)6 and K3Fe(CN)6, 

microselect, 99%, Fluka) and were used without further purification. The metal salts 

mercurous nitrate dihydrate (Hg2(N03h.2H20, 97+%, Aldrich), hydrogen 

tetrachloroaurate (HAuCI4, Aldrich), silver sulphate (Ag2S04, 99.9%, Aldrich), 

ammonium tetrachloropalladate ((NH4)2PdCI4, Puratronic, 99.999%, Aldrich), 

sodium tetrachloroplatinate ((NH4hPtCI4, 99.99%, Aldrich) were used as supplied. 
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3. 2. Instrumentation 

All electrochemical measurements were carried out III a Faraday cage at room 

temperature. 

3. 2. 1. Four electrode potentiostat 

The electrochemical exper~ments on heterogeneous electron transfer (Chapter 4), 

nucleation (Chapter 5) and colloid charging (Chapter 7) were carried out using a 

commercially available four-electrode potentiostat (Auto lab, PGSTAT 20, Eco 

Chemie, Netherlands) with iR drop compensation. For spectroscopic measurements 

(Chapter 6) and ac voltammetry (Chapter 7), the water I DCE interface was polarised 

using a custom-made four-electrode potentiostat with a waveform generator (Hi-Tek 

Instruments PPRl). The iR drop is considered fully compensated when the feedback 

potential is set at a value slightly less than that generating oscillation of the 

electronics. 

3. 2. 2. Reference electrodes (RE) 

The RE's used for voltammetric experiments were either a Saturated Calomel 

Electrode (SCE, Radiometer Copenhagen, Denmark) or home made Agi AgX wire 

electrodes. When the anion of the aqueous supporting electrolyte is a halide, a 

silver/silver halide reference electrode can be used, e.g. when the reference phase 

supporting electrolyte is LiCI, AglAgCI is used as the RE. In the spectroscopic 

experiments on silver nucleation, experiments Agi Ag2S04 was used as the reference 
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electrode. (The presence of any trace of halide would cause the immediate 

precipitation of AgX.) These electrodes give a stable potential. 

The Agi AgX electrodes were prepared by electrolysis of a clean Ag wire 

(Goodfellow, 99.9%) in a saturated solution of the anion. Passing a low anodic 

current through the Ag wire for prolonged time (20 minutes) caused the Ag wire to 

be coated with a dense layer of chloride. 

All glassware used for electrochemical measurements was cleaned by immersion 

overnight in a bath of concentrated acid (50:50 RN03 : H2S04, BDH, AnalaR), 

followed by mUltiple rinsing with water purified by a MilliQ purification system. 
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3. 3. Techniques 

3. 3. 1. Cyclic voltammetry 

Cyclic voltammetry is a highly versatile technique used for preliminary studies of 

electro active species. In the traditional three-electrode configuration, a triangular 

potential profile is applied between the working (WE) and counter electrodes (CE) 

with reference to an electrode of known potential provided by a high impedance 

reference electrode (RE). The RE is positioned close to the surface of the WE3,4 and 

the current response is recorded as a function of the applied potential. The cyclic 

voltammogram can be used to determine the potentials at which electrochemical 

processes occur at an electrode surface. For a faradaic reaction at a metal-electrolyte 

interface, the relationship between the concentration of the redox species at the 

electrode surface and electrode potential is given by the Nernst equation:3,4 

o RT (ao J E=E +-In-
nF aR 

(3.1) 

where E and EO are the potentials applied to the electrode and the standard potentials 

of the couple, ao and aR are the activities of the oxidised and the reduced species at 

the electrode surface, F is the Faraday constant, R is the gas constant and T is the 

absolute temperature. For diffusion limited mass transfer to a macroscopic planar 

electrode surface, the voltammetric peak current (ip) is related to the sweep rate v, 

and diffusion coefficient D, according to the Randles-Sevcik equation:5 

(3.2) 
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where n is the number of electrons exchanged per mole of reacting species, A is the 

interfacial area and c is the concentration of the transferring species. Cyclic 

voltammetry can provide information about the reversibility of an electrode process. 

The diagnostic test for a reversible transfer process is based on the separation of 

forward and reverse peak maxima (Epa and Epc respectively). For a reversible process 

(linear diffusion to a planar electrode): 

(3.3) 

Under quasi-reversible to irreversible conditions, kinetic information can be obtained 

from this technique. 

3.3.1.1 Cyclic Voltammetry at a Microelectrode 

An electrode with a diameter in the range of 10-6 m is termed a micro electrode. This 

type of electrode possesses some significant advantages over the traditionally sized 

macroelectrodes, in a size range of 10-3 m. 

Since the current measured at the electrode is a function of the electrode area, the 

current measured at a micro electrode is significantly lower than that from a 

conventional electrode, nA for microelectrodes as opposed to rnA for 

macroelectrodes. As a result, microelectrodes induce much less electrolysis in the 

solution studied and consequently the diffusion layer is narrower. Thus, the 

concentration gradients induced across a microelectrodes will be correspondingly 

high and the rate of mass transport to microelectrodes is much greater than that for 

macroelectrodes. Mass transfer is governed by approximately spherical diffusion at a 
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planar micro electrode surface, in contrast to linear diffusion at a macroscopic planar 

electrode. This becomes especially important when investigating fast electrode 

process and generally the use of micro electrodes enables the electrochemical 

investigation of much faster reactions. For micro electrode measurements, a two-

electrode experimental arrangement is used rather than a three-electrode one, since 

the iR drop is greatly reduced. 

A current is required to change the potential applied to the working electrode (the 

charging current) and since the potential in a CV experiment is constantly changing, 

there is an (approximately) constant charging current throughout the experiment that 

contributes to the background current. In addition, the charging current is directly 

proportional to the scan rate, whereas the peak current is proportional to the square 

root of the scan rate, therefore, the charging current also limits the maximum scan 
,) 

rate that can be used. The much reduced electrode area of a micro electrode means 

that microelectrodes suffer much less distortion from this charging current, thus 

improving the analytical capabilities of the technique and allowing much faster 

sweep rates to be used. 

Finally, the use of microelectrodes allows voltammetry to be carried out in a much 

smaller volumes than those traditionally used, so electrochemical measurements can 

be carried out in-vivo.6-9 

For microelectrode experiments involving a planar microdisc electrode, the diffusion 

limiting current (iL) is proportional to the concentration, the diffusion coefficient and 

the size of the electrode according to: 1 0 
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(3.4) 

where IL is the limiting current and r is the radius of the microelectrode. (Note: at a 

micro electrode, the limiting current is at steady state and thus IL does not vary with 

scan rate.) 

The current-potential response at a microdisc electrode in the case of one-electron 

transfer reversible electrochemical reaction is an S-shaped wave with the half wave 

potential lying at the mid-point of the curve. The half-wave potential is the potential 

at half wave height. An irreversible redox reaction at a microelectrode also yields an 

S-shaped wave, but its position is shifted on the potential scale to more negative or 

more positive potentials for reduction and oxidation respectively. 

Semi-logarithmic analysis of the steady state polarisation curves is carried out in 

order to determine the reversibility of the redox reactions and to obtain the half wave 

potential for the redox couples. For a reversible process:3 

(3.5) 

I is the current measured a potential E, EJ/z is the half wave potential. In this case, a 

semi-logarithmic plot ofE vs log [(IL-I)/I]) is linear with a slope of 59/n mV/decade-

and the y-intercept corresponds to the formal potential for the redox couple (EJ/z). 

The microelectrode experiments were carried out with a 10 Jlm diameter Pt 

microelectrodell . The electrode was cleaned by consecutive cleaning with alumina 

powder grades 1.0,0.3 and 0.05Jlm (Beuhler, u.K.), in a suspension of MilliQ water 
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on a microcloth (Beuhler, u.K.). The electrode was placed in an ultrasonic bath for 

several minutes between polishing with each grade of alumina powder and allowed 

to dry before being placed in the electrochemical cell. A SCE (Radiometer, 

Copenhagen) was used as a combined counter-reference electrode. 

3. 3. 2. Chronoamperometry 

In the chronoamperometry or potential step technique, the potential of the WE is 

changed instantaneously and the current response is measured as a function of time. 

The resulting transient (current-time response) follows the Cottre1 equation. For a 

macroscopic planar electrode, the current (I) at a time t is given by: 

.() nFcJD 
1 t =-=-

.J;i 
(3.6) 

In section 2.2.2, it was described how the mechanism of nucleation and growth of a 

new phase can be followed using chronoamperometry data measured at short times. 

3. 3. 3. AC voltammetry 

AC voltammetry is a high-precision technique, which involves the superimposition 

of a sinusoidal varying (AC) potential signal of small amplitude onto a DC potential 

scan profile. In the absence of ch_arge transfer processes; the differential capacitance 

can be calculated from the admittance response using an equivalent circuit composed 

of a resistance (uncompensated iR drop, R) and a capacitance (interfacial 

capacitance, C) in series. The capacitance can be calculated from the modulated 
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potential /).~ <PI' frequency, ill, and real and imaginary currents measured, Ire, lim as 

follows: 12 

(3.7) 

Additional information is given in Section 7.2.3. 

3.3.4. In Situ UV-visible Spectroelectrochemistry at the ITIES 

In situ spectroelectrochemistry involves the combination of electrochemical and 

spectroscopic techniques so that the two measurements may be performed 

simultaneously in an electrochemical cell. Traditional electrochemical methods may 

be complemented by spectroscopic techniques to yield information on the faradaic 

process. Typically, an electrochemical perturbation is introduced and the system 

spectroscopic response is monitored. The spectroscopic response was measured in 

transmission, reflection and scattering modes. 

One of the main advantages of such techniques at the ITIES is their versatility; a 

. wide range of charge transfer processes can be investigated. Also, spectroscopic 

approaches are less sensitive to uncompensated resistance and double layer effects 

than electrochemical techniques. The spectroelectrochemical methods used in this 

thesis are further discussed in Chapter 6. 
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3. 4. Electrochemical Cells 

The cell shown in Figure 3.1 was used for all microelectrode studies. The 

specifications of the electrochemical cell used for liquid I liquid experiments vary 

depending on requirements. For example, cyclic voltammetry and potential transient 

experiments were carried out in the basic four-electrode cell shown in Figure 3.2. A 

modified form of this cell was used for spectroscopic work (Figure 3.3) while 

another cell which allowed for de-aeration, was used for de-oxygenation experiments 

(Chapter 7). 

3. 4. 1. Microelectrode cell design and experimental set-up 

The two-compartment microelectrode cell depicted in Figure 3.1 was used for the 

study of the redox behaviour of the organic and aqueous couples used. The WE was 

a 10 )lm diameter Pt disc. 

3. 4. 2. Four electrode (ITIES) cell design and experimental set-up 

The cell used for electron transfer studies at the ITIES had three-compartments and 

was similar to the one developed by Samec.13 The interfacial area was 0.125 cm2 

and the volumes of the aqueous and organic compartments were 2 and 1.7 ml 

respectively. The CE's were large surface area Pt gauze electrodes positioned 

perpendicular to the interface (to facilitate the filling of the cell) in each phase. The 

interfacial potential difference is altered by means of a two RE's immersed in 
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separate side compartments but connected to the central compartment by means of 

Luggin capillaries. The interface is situated between the two Luggin capillaries. By 

placing the Luggin as close as possible to the interface, the effective iR drop is 

minimised. This factor is high for organic solutions, introducing a large iR drop 

across the organic solution. Since the Luggin capillary cannot be placed in direct 

contact with the interface it is important to correct for this factor using a positive 

feedback 100p.I4-16 The current across the interface is measured via the two CE's. 

The WE surface area is smaller than the CE so that, comparatively, no polarisation of 

the latter occurs. In this way reactions that may occur at the CE do not significantly 

contribute to the overall cell response. 

This cell design allows for quick filling and a reproducible interfacial area and is 

suitable for the study of electron (ET) and ion transfer (IT) reactions. 

3. 4. 3. Spectroelectrochemical cell 

A schematic representation of the three-compartment spectroelectrochemical cell is 

shown in Figure 3.3. The glass tube was filled with the aqueous phase and dipped 

into an organic phase. The interfacial area is 0.22 cm2
• A flat water I DeE liquid 

junction was formed by means of a piston burette (E274, Metrohm). It was important 

that the interface was both small and supported for these measurements since a large, 

unsupported interface is prone to oscillations as a potential is applied, leading to an 

unstable baseline. 
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As shown in Figure 3.3, the interface was illuminated from the organic phase by a 

150W Xenon arc lamp (Applied Photophysics) fitted with a 150 or 500 micron 

diameter pin-hole and then focused onto the interface. For experiments made in the 

reflection mode the light was focused at an incident angle of approximately 75° (the 

critical angle for the water I DCE interface is 67°). The full spectrum light beam was 

collected using a 400 f-lm optical fibre and recorded using a spectrograph (TRIAX 

190, Jobin Yvon) equipped with a CCD camera (model 3500, Jobin Yvon). The 

spectrograph, CCD camera and data acquisition were controlled using a home-made 

program (LabView, National instruments). Potential modulation and phase sensitive 

detection were performed by a Lock-in amplifier (SR830, Stanford Research). 
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3. 5. Data Analysis 

3.5. 1. Correction for microelectrode organic soluble redox species 

The cell potential was referred to the aqueous phase by introducing a well-defined 

organic/aqueous phase reference junction, having the common ion TBA + in both 

phases. The applied potential is the sum of several contacting potential differences 

across each interface and is ,thus, arbitrary, relating only to the system being studied. 

The following (Cell 3.1) is the general cell used for micro electrode experiments: 

SCE x TBACI 

(aq) 

x TBATPBCl 

(DeE) 

Cell3.! 

Pt ! 0 IJ.ffi 

where x is the concentration of salt used. The measured cell potential for cell 3.1 can 

be converted to the absolute scale using an extra-thermodynamic assumption. 17 The 

following relation can be used to convert cell scale to that vs. SHE: 

(3.8) 

where El/2 is the measured half-wave potential on the cell potential scale, EscE is the 

potential of the saturated calomel electrode vs. SHE and L1: ~ TBA + refers to the 

potential drop across the 1,2-DCE I water reference interface on the absolute Galvani 

scale. This latter term can be estimated using the Nernst equation: 

A ~ J. = A W J. 9 R T I (uy 
org C org J 

LlO 'l'TBA + LlO 'l'TBA + + n 
zF y c aq aq TBA + 

(3.9) 
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where ~~ ~ ~BA + is the standard Galvani potential of transfer of the TBA + ion from 

the aqueous to the organic phase, (~: ~ ~BA + = -0.225 V),18 c is the concentration of 

TBA + in the appropriate phase, a is the degree of dissociation in the low permittivity 

1,2-DeE phase and y the activity coefficient of the ion. All other symbols have their 

usual meaning. Partial dissociation of the electrolytes was considered for the non-

aqueous phase only. The activity coefficient of the ion (y) in each phase was 

calculated from the extended form of the Debye-Huckel equation: 19 

A~ 1 v'u,jl,;j 
- ogyj (l+Ba~aici) (3.10) 

where A and B are constants and a is the ion size parameter.19 The degree of 

dissociation of TBA in the non-aqueous phase (aorg) was calculated from the 

association constant (Ka) for the electrolyte in that solvent: 

(3.11) 

It is assumed that the activities of the anion and the cation are equal. The association 

constants and the ion size parameters were taken from the literature.20 The activity 

coefficient, Yi, was calculated from equations (3.1 0) and (3.11) above by an iterative 

procedure using an Excel spreadsheet. 
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3. 5. 2. Galvani Correction for liquid I liquid results 

For the general cell used for the study of charge transfer processes at the liquid I 

liquid interface (3.2), cr represents the interface under investigation (the ITIES). 

Ag Agel x TPAsCl 
(aq) 

x TPAsTPBCl cr x Liel Agel Ag' 
(DeE) (aq) 

Cell 3.2 

Again, the measured cell potential E is the sum of all the potential drops across each 

interface. The potential applied to the cell (E) is: 

E=ESCE -ESCE +Ll~~-Ll~~TPAS+ 
(R) (L) 

(3.12) 

where ESCE is the potential of the saturated calomel electrode with respect to the 

standard hydrogen electrode, Ll:¢ is the potential drop across the polarisable 

interface. Ll~ ~TPAs+ can be estimated from the Nemst equation analogous to that 

given in the previous section for the tetrabutylammonium cation. The standard 

Galvani potential of transfer of the TPAs ion from DCE to water is Ll:~~BA+ = -0.364 

v.1 8 

For reporting the results obtained with four-electrode cyclic voltammetry, the 

standard convention was used when presenting potentials, i.e. an increase in cell 

potential is associated with the potential of the aqueous phase becoming more 

positive with respect to the organic phase. thus a positive current corresponds to 

electron transfer from 1,2-DCE to the water phase. 
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Table 3. 1 Table of association constants for typical organic supporting cations, 

where A is the association constant values for the corresponding TPhB- or TPhBCr 

salts and d is the distance of closest approach. 

c+ d/A A20 

TMA+ 6.2 12,400 

TEA+ 6.4 2,500 

TPrA+ 6.6 2,100 

TBA+ 6.8 1,715 

TPAs+ 6.6 600 
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(b) 

Figure 3.1 Schematic drawing of the ce ll used for microelectrode measurements. (a) organic phase 

(green), (b) organic reference phase (yellow), (c) SCE, (f..l) Pt electrode (d= 1 0 f..lm). 

(b) Cd) 

Ca) 

F igure 3.2 Schematic drawing of the electrochemica l cell used for liquid I liquid charge transfer 

measurements where the organ ic so lvent is more dense than water. (a) organic phase (green), (b) 

organic reference phase (yellow), (c) SCE, (d) aqueous phase (b lue), (e) Pt CE and (J is the interface 

under investigation (red). 

(g) 

Figure 3.3 Schematic representation of the electrochemical cell used for PM spectroscopy2 1 (in TIR 

mode). (a) organic phase (green), (b) organ ic reference phase (yellow), (d) aqueous phase (blue), (e) 

Pt counter electrode, (1) Ag/AgCI RE, (g) Ag/Ag2S04 RE, (h) piston burette, 10 and 1 are the incident 

and reflected light intens ities respectively and () is the interface under investigation (red) . 
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CHAPTER FOUR 

ELECTRON TRANSFER 



4.1. Introduction 

The purpose of the work described in this chapter was to study simple heterogeneous 

electron transfer (RET) reactions across the water I 1,2-DCE interface. The reactions 

considered are: 

OJ +R~ ~ Rj +O~ (4.1) 

where 0 and R are the oxidised and reduced components of the redox couples 

present in the aqueous (w) and organic (0) phases respectively. 

RET reactions are important processes in several areas of chemistry, physics and 

biology and these have been studied both theoretically 1 '2 and experimentally.3'4 

Progress in reaching a complete understanding of this ubiquitous reaction is slow and 

has been hampered by a lack of experimental data. This is due to the small number of 

systems available which are not complicated by additional reactions such as 

partitioning of neutral species, coupled ion transfer or competing chemical reactions. 

The experimental requirements to study electron transfer (ET) without side reactions 

include, stability of both the oxidised and reduced forms of the redox species in the 

chosen solvents, absence of partitioning and inert base electrolytes. 

Finding an experimental system that meets all of the above criteria is difficult. 

Choice of a suitable organic redox couple is often the main stumbling block. The 

hexacyanoferrate - ferrocene system in nitrobenzene4-6 and DCE7 was found to be 

complicated by interfacial ion pairing and the transfer of the ferricenium ion 

respectively. The hexacyanoferrate I lutetium bis-phthalocyanine system8 and the 
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hexacyanoferrate I TCNQ system9 at the water I 1,2-DCE interface have also been 

studied. However, it was the hexacyanoferrate-Iutetium biphthalocyanines system 

that gave the first evidence of true ET across inhomogeneous media.3 The extremely 

hydrophobic nature of this high molecular mass compound makes coupling of ion 

(IT) and ET highly unlikely. Ruthenium based complexes have also been used 

previously as the organic redox species. For example, Cheng and Schiffrin 

investigated the redox behaviour of the hydrophobic, DCE soluble, stable complex 

bis(pyridine )meso-tetraphenylporphyrinato ruthenium(II).l 0 

In the present study three Ru+2 six-coordinate ruthenium complexes with a general 

structure- trans-Ru(L-L)zCh, where L is one of three bidentate ligands (a 

diphosphine), were chosen as the organic redox couples. The three ligands were 1,2-

bis( diphenylphosphino ) ethane (1), bis( diphenylphosphino )methane (2), and 1,1-

bis(diphenylphosphino)ethene (3) (see Figure 4.1). There has been a great deal of 

recent interest in this type of complex due to its importance in homogenous 

catalysis. 11-14 From an electrochemical viewpoint coordinatively saturated 

complexes of Ru +2 have the twin advantages of chemical stability and accessible 

Ru+2/Ru+3 redox states. Importantly for measurements at the interface between two 

immiscible liquids (ITIES), the complexes are soluble in 1,2-DCE yet sufficiently 

hydrophobic to ensure they do not transfer to the aqueous phase in the potential 

region of interest. In addition, their synthesis is relatively straightforward. 15-16 It 

was expected that conclusions regarding values of the measured rate constants could 

be drawn by considering the structures of the complexes. 

To ensure that HET occurs within the available potential window, the equilibrium 

potential of the aqueous redox couple and the formal potential of the organic redox 
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species should not differ significantly) For this reason the redox properties of the 

aqueous and organic redox species were first studied separately in order to determine 

the equilibrium and formal potentials respectively. The redox properties of the 

ruthenium complexes were characterised at the Pt microelectrode I electrolyte 

interface in 1,2-DCE using cyclic voItammetry. This allowed the assessment of 

electrochemical reversibility as well as measurement of their formal half wave 

potentials. 

The ferro/ferricyanide couple (a fast redox couple) was chosen as the aqueous redox 

species for the following reasons. The couple is soluble at high concentrations and it 

undergoes outer sphere ET. Both components are commercially available and are 

stable under the experimental conditions chosen, and the equilibrium potential of the 

hexacyanoferrate couple can be easily changed by varying the Fe2
+ : Fe3+ 

concentration ratio and the value calculated through the Nernst equation. Moreover, 

this couple has been widely used in similar studies and comparison of the results 

with published data3,6,7,10,17,18 is facilitated. 

Techniques for the determination of reversible 19 and quasi-reversible20- 21 kinetics 

are used to study the electron transfer involving these redox species at both the metal 

electrolyte and electrified liquid I liquid interfaces. 
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4.2. Experimental 

4.2.1. Oxidation of Ru(II) complexes at a Pt micro electrode 

The supporting electrolytes used were TBAPF6 in the organic phase and TBACI in 

the aqueous reference phase. Fresh solutions were prepared prior to each 

measurement. The electrochemical experiments were carried out using the set-up 

described in Chapter 3. Measurements were prefonned using a three-electrode 

potentiostat (PGSTAT 20, Eco Chemie, Netherlands) in a two-electrode 

configuration. A Pt micro electrode was used as the working electrode and a SCE 

reference electrode, dipped in the aqueous reference phase, served as the reference 

electrode. Cell 4.1 was used for all the micro electrode experiments. 

2mM TBAPFS 
SCE 10mm TBACI +0.5mMRuL2CI2 

(aq) (DeE) 

Ce114.1 

Pt (10 IJ.m) 

Typically, a 350 III aliquot of a 2 mM stock solution of the analyte in 1,2-DCE was 

added to the organic phase (1.4 ml) using an Eppendorf micropipette. The organic 

phase was allowed to equilibrate for 5 minutes prior to recording the cyclic 

voltammograms. The steady state polarisation curve was then recorded at a sweep 

rate of 5 mVs·1 to avoid hysteresis associated with higher sweep rates. The cell 

potential was converted to the formal potential referred to an aqueous reference 

electrode (SHE) as described in Chapter 3. 

61 



4.2.2. Equilibrium potential of the hexacyanoferrate redox couple 

The equilibrium potentials of solutions with vanous ratios of ferrocyanide : 

ferricyanide in 1M LizS04, were measured versus SCE using a high impedance 

voltmeter. A large area Pt coil electrode was used. The measured potentials 

correspond to Cell 4.2. 

1M Li2S04 
seE +yFe+2/zFe+3 Pt 

(aq) 

CeU4.2 

The ratio y/z was varied between 0.01 and 100. 
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4.2.3. Oxidation of Ru(II) complexes at the ITIES 

Having characterised separately the aqueous and organIc redox couples and 

successively matched the potentials, heterogeneous electron transfer at the ITIES 

could be studied. Four-electrode cyclic voltammetry measurements at the liquid I 

liquid interface were carried out as described in Chapter 3 and iR compensation was 

employed in all cases. 

The electrochemical cell 4.3 was used for all liquid I liquid voltammetric 

experiments. The supporting electrolytes were LiCI and LhS04 in the aqueous phase 

and TP AsTPBCI in the organic phase. Fresh solutions were prepared prior to each 

measurement. Electrochemical experiments were carried out using an Autolab 

potentiostat (PGST AT 20, Eco Chemie) in the four-electrode mode. A SCE and Pt 

coil served as aqueous reference and counter electrodes respectively while a Pt coil 

and SCE dipped in a 10 mM TP AsCI aqueous solution served as the organic counter 

and reference electrodes respectively. cr represents the polarisable water I 1,2-DCE 

interface under investigation. A schematic representation of the cell used for these 

experiments is given in Chapter 3. 

M xM[LiTj 
10mm TPAsCI 10m TPAsTPBCI SCE 

SCE + rmM RuL2CI2 0 O.001Mil11M 
(aq) (DeE) Fe+2 /Fe+ 3 

Ce114.3 
(aq) 

The applied potential is the sum _of the several contacting potential differences as 

described in Chapter 2. An increase in cell potential is associated with the potential 

of the aqueous phase becoming more positive with respect to the organic phase. 
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4.3. Results and Discussion 

4.3.1. Oxidation of Ruthenium complexes on a Pt micro electrode 

The cyclic voltammetry for the oxidation of the three Ru(II) complexes studied on a 

Pt microelectrode is shown in Figure 4.2. As expected, only one oxidation wave is 

observed corresponding to the oxidation of Ru+2 to Ru+3. Cell potentials were 

converted to the SHE scale as described in Section 3.3.1.1 and the potential scale in 

all graphs is referred to this electrode. 

Due to the small size of the microelectrode (d = 10 j..tm), mass transfer is controlled 

by approximately spherical diffusion (inlaid microdisc) and the current-voltage 

response is at steady state. The diffusion coefficients were calculated from the 

limiting current, k, using Equation 3.4 and the values obtained are shown in Table 

4.1. 

4.3.1.1. Evaluation of the reversibility of the reaction 

Semi-logarithmic analysis of the steady state polarisation curves was carried out in 

order to determine the reversibility of the redox reactions and to obtain the half wave 

potential for the redox couples. For a reversible process a plot ofE vs. log [(IL-I)II] is 

linear with a slope of 59/n m V decade-! and the y-intercept corresponds to the half 

wave potential (E1I2) for the Ru +21Ru +3 couple according to equation 3.5, n is the 

number of electrons transferred. Typical results are shown in Figure 4.3. and a linear 
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(in all cases R2>0.995) dependence was observed. The slopes of these plots and 

values E 112 are given in Table 4.1. 

The polarisation curve for 2 was typical of a diffusionally controlled, one electron 

transfer process with a slope of 60 m V /decade. Previously, it had been reported that 

the Ru +21Ru +3 redox reaction for complex 2 is reversible.1 5.16 Here the redox 

chemistry of this complex is found to be reversible. However the slope of the semi-

logarithmic plots for 1 and 3 are 85 and 76 mY/decade respectively, implying that 

these processes are quasi-reversible. 

Voltammograms were also analysed for reversibility according to the Tomes 

criteria,22 which predicts IE3/4-EII41=56.4/n mV at 25°C for reversible charge 

transfer. E3/4 and EII4 refer to the three and one-quarter wave potentials respectively. 

. d· d 1/4 d E 3/4 (AEI/4 1/4 1/2 From the expenmentally etermme nl1E an nl1 L1 =E -E and 

I1E3/4=E3/4_EI/2), values for the transfer coefficient (a), nl1Eo, and A were obtained 

from Reference20 where EO, is the formal potential and A is the dimensionless rate 

constant given by:20 

A - kO.J..l /m 
- 0 (4.2) 

where kO.1l is the standard rate constant and mo is the mass transfer coefficient. 

Boundary values of 15 ~ A ::;; 1O-2(1+a) have been suggested for quasi-reversible 
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4.3.1.2. Evaluation o/the rate constant 

The standard rate constants for the quasi-reversible processes at the microelectrode I 

electrolyte solution interface (ko,ll) were calculated to be 0.65 x 1Q-2and 0.13 x 10-2 

cm S-I for complexes 1 and 3 respectively using the following equation:20 

(4.3) 

D is the diffusion coefficient of the redox species. The boundary values 0.3V1/2 ~ kO ~ 

2 x 10-5 v l/2cm S-I for the rate constant of a quasi-reversible species has been 

suggested.22 

It is interesting to compare the values of the rate constant for the complexes. 

Complex 2 retains its trans geometry upon electrochemical oxidation,23 thus the 

reaction under investigation is: 

(4.4) 

Since there is no change in conformation upon reaction, it would be expected to be 

fast i.e. the inner reorganisation should be small. Furthermore molecular modelling 

(Hyperchem Version 7) of this complex shows that its redox centre is the most open 

of the three. Both of these reasons explain why the ET reaction for this complex can 

occur with relative ease. 

3 is also known to retain its trans geometry upon electrochemical oxidation 15 and it 

is likely that 1 behaves in an analogous fashion, however molecular modelling shows 

that the Ru centres for both of these complexes are more shielded by the ligands than 

is the case,for complex 2 which may account for the differences in the rates of the ET 
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step. Molecular models show that the redox centre in 3 is the most shielded of the 

three and as a result the rate constant for 3 is lower than the other complexes. 

4.3.1.3 Evaluation of diffusion coefficients 

Diffusion coefficients (D) of 4.2, 4.0 and 3.6x 10-6 cm2s-1 were calculated for 

complexes 1, 2 and 3 respectively, using values of the limiting current (Id obtained 

from Figure 4.2 and Equation 3.4. 

4.3.1.4. Evaluation o/the effective hydrodynamic radii 

The effective hydrodynamic radius of the diffusing species (rh) can be calculated 

using the Stokes Einstein Equation.24,25 

kT 
r =--
p 67t11D 

(4.5) 

where k is the Boltzmann constant, T is the absolute temperature and 11 is the 

viscosity of the solvent. The value of rh is related to the movement of the species 

through the solution. Values of rh and the molecular radius are in reasonably close 

agreement for all of the complexes (Table 4.3), however the Stokes Einstein equation 

predicts that complex 3 has the largest diameter of the three, while its molecular 

radius is slightly smaller than the others. As the diffusion coefficients differ only 

slightly (Table 4.3) it is expected that the hydrodynamic radii for all three species 

would be similar. 
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4.3.1.5. Evaluation of the formal reduction potential 

For a reversible couple, formal reduction potential, (Eo,) is given approximately by 

E1I2,22 while for quasi-reversible processes EO is calculated from the following 

relationship:20 

. ° 0' 
n~E =E -El/2 (4.6) 

The values of EO' obtained here are within approx. 150mV of those in literature 

(Table 4.8). This is reasonable when the fact that the literature values are not 

corrected for the liquid junction is considered. Complex 2 has the lowest EO' (557 

m V), it the least difficult of the three to oxidise. The ligand has a shorter carbon 

backbone than 1, hence the metal centre in this complex is the least sterically 

crowded of the three. 3 has an EO' (748 mY) that is mid-way between that of the 

other two complexes, resulting form the relative shape and size of this ligand being 

intermediate between the other two. As can be seen from Table 4.8 altering the donor 

atom for these compounds affects the Ru+2IRu+3 potentials. 

4.3.2. Equilibrium measurements of the ferrocyanide/ferricyanide couple 

Close matching of the potentials of the two redox couples was necessary to ensure 

that ET was observed within the potential window. To do this the equilibrium 

potentials for various concentration ratios of the Fe+2: Fe+3 couple were measured. 

The supporting electrolyte was 1 M LizS04. The results are shown in Table 4.4. (all 

potentials are quoted versus the SHE). 
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The theoretical equilibrium electrode potential (Eeq) was calculated for each of the 

different ratios according to the following approximation ofNemst equation: 

Eeg -Eo RTl [Fe+
3

] - + - n -=----=-
F [Fe+2] 

(4.7) 

The values calculated for the equilibrium electrode potential were compared with the 

experimentally determined values. EO is the standard potential of the reaction, 

[Fe +2] and [Fe +3], the experimental concentrations of the ferricyanide and 

ferrocyanide solutions were used in place of activities. The number of electrons 

involved in the reaction is one and EO for the [Fe( CN)6)3- / [Fe( CN)6 ]4- redox couple 

is 358mV vs SHE.26 

It was found that the equilibrium potential of the [Fe(CN)6P- : [Fe(CN)6]4- couple 

provides the correct range of potentials to match those of the organic couples. For 

this reason the hexacyanoferrate system was deemed suitable to study the electron 

transfer at the liquid-liquid interface for the Ru couples. 

4.3.3. Heterogenous electron transfer involving Ru complexes 

Information obtained from the studies of the redox behaviour of the ruthenium based 

F 2+/F 3+· h' . h electron donors and the electron acceptor e e III t elr respectIve p ases, allows 

the matching of the potentials of t~e two couples. This makes it possible to study the 

heterogeneous electron transfer process in a liquid I liquid system. 
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It is important that the concentration of the aqueous redox couple should be much 

greater than that of the organic redox couple. Since in a liquid I liquid system peak 

separation in excess of 60 m V may be observed under reversible conditions as a 

result of diffusion unless the concentration of one species is greatly in excess of the 

other.27 For the conditions under which these experiments were carried out, reaction 

4.1 can be considered to be pseudo-first order reaction. The reversible half-wave 

potential for the RET reaction studied (~~ ~ O,ET) is considered to be dependent on 

the difference between the standard redox potential of the organic redox couple and 

the equilibrium potential of the aqueous redox couple measured with respect to the 

same reference electrode, Eo,org and Eo,aq 20,21,28-30 i.e. 
Ox 2 /Red 2 Ox.tRed, 

(4.8) 

Typically the concentrations used were 100 and 2 mM respectively for all 

experiments so that the current response could be considered to be limited only by 

the diffusion of the organic redox couple to the interface. 

Figure 4.4 shows the cyclic voltammogram for the base electrolyte of the ITIES 

system studied. The limits of the polarisation window result from the transfer of the 

ionic components of the supporting electrolyte. The numerical value of the limits are 

determined by the activity and Gibbs energies of transfer of the ions in question, in 

acco"rdance with the criteria described in Chapter 2 for an ideally polarised ITIES. In 

the case of the system described in Cell 4.2, the negative limit is due to the transfer 

of TP As + from the organic to the aqueous phase and the positive limit to the transfer 

of TPBCr (or Li+) in the opposite direction. As outlined in the previous section, it is 

70 



possible to match the equilibrium redox potential of the aqueous redox couple with 

the formal redox potential of the organic redox species to obtain heterogeneous 

electron transfer within this available potential window. 

In the two-phase system with a concentrated aqueous redox system, the analysis of 

results can be carried out using the classical theory for metal electrodes,22 since 

diffusion of the dilute reactant is the limiting process. 

The addition of the aqueous redox couple to Cell 4.3 in the absence of the organic 

couple had no effect on the voltammetric response. Similarly, adding only the 

organic redox couple to the system, it was observed that for all three redox species 

the resulting voltammograms follow the baseline, as shown for compound 1 in 

Figure 4.4. Due to the hydrophobic nature of the organic redox couples considered, it 

can be assumed that they do not partition between the organic to the aqueous phases. 

When both redox active speCIes are present there is a clear change in the 

voltammetric response. Figure 4.5 shows the sweep rate dependence for Cell 4.3 

where the aqueous base electrolyte is 10mM LiCl. The interfacial reaction was: 

Fe(CNk3(w) + [Ru+2ClzL2] (0) ex. Fe(CN)6-2(w) + [Ru+3ClzL2t (0) (4.9) 

The response is peak shaped as expected for linear diffusion of a redox species to a 

planar macroelectrode surface. The oxidation occurs quite close to the positive edge 

of the available potential window' making it difficult to accurately determine peak 

potentials and currents. However, a higher concentration of the aqueous base 

electrolyte (LhS04), has a salting-out effect on the transfer of the base electrolyte 

ions which enlarges the available potential window31 ,32 and makes it possible to 
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observe electron transfer without the complication of simultaneous base electrolyte 

transfer. The effect of increasing the aqueous base electrolyte concentration on the 

available potential window can be seen by comparing Figures 4.5 and 4.6. The peak 

potential (~W o~) for the oxidation was 78 m V and the peak separation was 157 m V at 

a sweep rate of 1 mVs-1
• 

Even at the slowest scan rate considered (1 mVs-1
), the peak separation is 

considerably larger than predicted for a one electron reversible transfer process (157, 

206 and 105 mV for 1, 2 and 3 respectively). If it is assumed that the electron 

transfer reaction is simple and that the apparent quasi-reversible to irreversible 

response is a reflection of the electron transfer step, the standard rate constant is very 

small. For sweep rates greater than 90 mVs-1 the peak separation increased to such an 

extent that the peak maxima could not be measured as it occurred outside the 

potential window. In order to ascertain that this effect was not an artefact due to poor 

iR compensation the transfer of TMA + was investigated under similar experimental 

conditions. The cyclic voltammetry obtained in this case were as expected for 

reversible charge transfer i.e. a peak separation of 59 m V invariant with increasing 

sweep rate. 

For two of the redox couples considered, (1 and 3) this result is not unexpected as the 

response at a metal electrode I electrolyte interface was also characteristic of slow 

electron transfer kinetics. However, for the oxidation of 2, the semi-logarithmic 

analysis of the microelectrode results showed reversible electron transfer. Thus, the 

irreversibility observed for 2 at the ITIES is not due to the reorganisation energy of 

the complexes, neither can this effect be due its chemical instability in contact with 
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aqueous solution. IS Previously, Cunnane et al. 7 reported similar behaviour, i.e. 

irreversible electron transfer between two redox couples at the ITIES couples, 

although each couple behaved reversibly when in contact with a metallic electrode. It 

was proposed that the lower value of the rate constant at the ITIES resulted from the 

larger separation between the redox centres in the organic and aqueous phases. It is 

likely that this distance effect is also responsible for the increased irreversibility 

observed for all three couples at the ITIES in the present study and this effect is 

discussed in more detail in the following section. Adsorption and/or competing 

(coupled) reactions may also playa part in the observed differences. 

The most striking feature that is apparent from the cyclic voltammetry experiments is 

the dependence of the peak separation, ~(~ w o~), on scan rate, showing that the 

complexes behave irreversibly at the ITIES (Figures 4.6, 4.7 and 4.8 refer to 

complexes 1, 2 and 3 respectively). This was anticipated from the microelectrode 

results for 1 and 3. Peak separation of72 and 121 mVs-1 was predicted for 3 at sweep 

rates of 1 and 40 mVs-lrespectively based upon its behaviour at the microelectrode 

for example. The observed behaviour, however, was indicative of slower than 

predicted kinetics and the actual peak separations for 3 at these sweep rates were 105 

and approximately 350 mY. For complex 2, it was necessary to extend the negative 

limit of the voltammogram by 200 mY, in order that both peak maxima occurred 

wi thin the potential window, on increasing the scan rate from 10 to 40 m V s -I. 

Further evidence for the irreversibility of the redox reactions at the ITIES came from 

the dependence of the peak potential (Ep) on sweep rate. A representative plot is 

shown in Figure 4.9. As predicted from the theory of irreversible electron transfer 
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reactions, the peak potential was linearly dependent on the log u. The peak current 

was linearly dependent on the square root of the sweep rate but no conclusions could 

be made from this about the reversibility of the reaction since at low sweep rates 

quasi-reversible and irreversible reactions show this dependence. 19 

Comparison of the reduction potentials obtained from the microelectrode and liquid 

I liquid systems shows that the complex that had the most positive redox potential at 

the microelectrode has the least positive potential at the liquid-liquid interface and 

vice versa. This strengthens the suggestion that factors other than those seen at the 

metal electrode I electrolyte interface, are observed in the liquid I liquid system e.g. 

a greater separation between the redox centres. Of the three complexes, 2 has the 

highest value of ~ w o~ 112 at the liquid-liquid interface (149 m V) i.e., it is most difficult 

to oxidise. Again 3 has a reduction potential that is intermediate between the other 

. two complexes (52 mY). 

The value for the dimensionless rate constant parameter (tf') was determined from 

the peak separation (measured at the slowest sweep rate 1 mVs· l
) with tables 

published in literature.22,33 The standard rate constant for the RET reaction of the 

quasi-reversible species at the ITIES (kO, ITIES) was obtained from: 19,34 

\jf = kO;TIES / ~Do7tv(nF / RT} (4. 10) 

In what follows the diffusion coefficients of the oxidised and reduced forms are 

assumed to be equal. The values obtained for the rate constant for the electron 

transfer reaction at the ITIES (ko, ITIES) is extremely low for all three Ru complexes 
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(Table 4.6), much lower than those measured at the microelectrode I electrolyte 

interface (Table 4.2). 

Experimentally the degree of reversibility of a system is determined by the sweep 

rate, at small sweep rates (long times) irreversible systems may yield reversible 

waves while at larger sweep rates (shorter times) the reaction appears irreversible. 

For a quasi-reversible system the wave shape and the peak separation are functions 

of scan rate, kO, a and EA. (switching potential of cyclic voltammogram), ie ip EP and 

Ep/2 depend on the parameters lambda (A) and alpha (a). 

The most interesting result obtained here is the greater decrease in the value of the 

rate constant when replacing a metal electrode by a redox couple present in high 

concentrations in the aqueous phase. This result is discussed in the following section. 
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4.3.4. Estimation of the distance of closest approach at the ITIES 

ET is usually considered to occur via tunnelling of the electron between states in the 

electrode and those in the reactant. The rate of electron tunnelling decreases 

exponentially with increasing distance and is controlled by the tunnelling parameter 

p, which depends on the height of the energy barrier and the nature of the intervening 

medium. The standard rate constant, kG, relates to the tunnelling decay constant 

according to:35-39 

(4. 11) 

where kO(O) and kO(x) are the standard heterogeneous rate constants for the RET 

reaction at the distance of closest approach (xo) and at a distance of x from the 

electrode surface respectively. 

Knowing the standard rate constants in each system and assuming that p is constant. 

it is possible to calculate the difference between the distances of closest approach at 

the ITIES and at the Pt microelectrode ( L1x ) as follows: 

(4. 12) 

The increased distance between the two redox species at the ITIES over the distance 

between the Pt micro electrode and the redox couple explains why the values of the 

rate' constant for the RET at theITIES (ko, ITIES) is significantly lower than those 

me~sured at the microelectrode I electrolyte interface (ko, Il). 
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As previously mentioned, the value of P is dependent on the nature of the medium 

through which electron tunnelling takes place. The value of P for a saturated 

hydrocarbon spacer (CH2) is well established (~1 A-1),37,39-42 For all complexes 

the Ru redox centre is strongly chelated by hydrocarbon ligands, and electron 

tunnelling must occur through the ligand layer as well as through the intervening 

medium. The intervening medium for the electrochemical measurements at the Pt 

micro electrode is a chlorinated hydrocarbon while in the ITIES system the aqueous 

and organic couples are separated by a solvent layer at each side of the ITIES due to 

their extremely hydrophilic and hydrophobic natures respectively. For the purpose of 

the calculations it is assumed that the value of the tunneling decay constant for the 

two systems are not appreciably different. 
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4.4. Conclusions 

The oxidation of ruthenium complexes was investigated using a Pt micro electrode. 

Tomes criteria and semi-logarithmic analysis, both indicated that the oxidation of 

complex 2 is reversible, while the other two compounds studied are quasi-reversible. 

This difference can be rationalised by considering differences in geometry of the 

complexes particularly the shielding of the redox centre in the couple. 

The reduction potentials obtained at the micro electrode are in line with data obtained 

in literature. This is expected as the systems used are similar (Le. the metal electrode 

electrolyte solution interface). 

At the ITIES, potential match between the ruthenium complexes and the fast redox 

couple Fe+2/Fe+3 was possible and the system showed faradaic current, i.e. RET was 

observed. 

Comparison of the experimental results obtained from micro electrode and ITIES 

measurements show some differences (Table 4.8). The systems are similar in that in 

both cases an electron acceptor is present in the phase adjacent to the oxidisible 

ruthenium complex and when a suitable potential is applied, RET takes place. It is 

possible that adsorption of the redox active complex occurs at the metal electrode, 

facilitating ET. At the liquid I liquid interface, the adsorption of redox active species 

is negligible. The increased distance between the two couples explains why the rate 

of electron transfer at the ITIES is lower that that at the metal electrode I electrolyte 

solution interface. 
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Complex 2 at the liquid I liquid interface showed deviations from the behaviour 

expected from the microelectrode results, the other two redox couples were quasi

reversible at the metal electrode and also show quasi-reversible kinetics at the liquid 

I liquid interface. However, all three complexes were quasi-reversible at the ITIES. 

As can be seen from Table 4.8 altering the donor atom for these compounds effects 

the Ru +21Ru +3 potentials for this family of complexes, this is clearly seen from the 

values for the half wave potentials for the three complexes at the platinum 

micro electrode and at the ITIES. However this difference is more marked at the 

liquid-liquid interface than at the metal I electrolyte interface. 

The present system meets many of the criteria set down for an ideal heterogeneous 

liquid-liquid electron transfer system. Due to their highly hydrophobic nature it is 

unlikely that the oxidised forms partition to any extent, the reduced forms do not 

partition, thus the coupling of ion and electron transfer is unlikely. 

79 



Table 4.1 Experimental results obtained from the analysis of the cyclic voltammetry 

for 0.5 mM RuClzL2 at a sweep rate of 5 mVs-1 on a 10 !lm Pt microelectrode (Ey. 

versus SHE). 

Complex Colour EII2 Slope k 106D E3/4-EII4 

ImV ImVdecade-1 InA Icm2s-1 ImV 

1 Orange 796 85 0.406 4.21 86 

2 Yellow 557 60 0.381 3.95 59 

3 Brown 678 76 0.344 3.56 76 

Slope refers to the slope of the semi-logarithmic current function analysis and D is 

the diffusion coefficient of the complex. 

Table 4.2 Kinetic parameters obtained from the experimental data obtained from 

Figure 4.2 using Reference20. 

Complex ~E1I4 ~E3/4 a A. n~Eo' 10-2ko.1! EO' 

ImV ImV ImV Icm S-I ImV 

1 42 44 0.6 0.77 37.4 0.65 833 

2 29 30 - >10 0 <2.1 557 

3 37 39 0.77 0.18 69.6 0.13 748 

Where ~E1I4 and ~E3/4, are the experimentally determined, one and three quarter 

potentials respectively, n is the number of electrons transferred per mole of reactant. 

Values for kO and EO' are and calculated using parameters obtained in Table II of 
-

Mirkin et al.20. a is the transfer coefficient, A. the dimensionless rate constant and EO' 

the formal potential. 
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Table 4.3 Hydrodynamic radii (rh) calculated from Equation 4.5 and average radii of 

the complexes estimated from molecular models (rav). 

Complex rh ray 

IA IA 

1 13.0 13.5 

2 13.8 13.5 

3 15.3 13 

Table 4.4 Theoretical and measured equilibrium potentials for various concentration 

ratios of Fe+2: Fe+3 vs SHE. The supporting electrolyte was 1M LizS04. 

[Fe +2] [Fe+3] Emeas Ecalc 

1M 1M ImV ImV 

0.1 0 315 -
0.1 0.001 398 240 

0.1 0.01 456 299 

0.1 0.1 521 358 

0 0.1 701 -
0.001 0.1 628 476 

0.01 0.1 572 417 

81 



Table 4.5 Data obtained from analysis of two-phase experiments for r mM RuCbL2 

at a sweep rate of 1 m V S-l, the aqueous supporting electrolyte is 0.5M LizS04. 

L r ~ wo~I/2 ~(~Wo~) 

fmM fmV fmV 

1 2.00 005 157 

2 1.75 149 206 

3 1.75 052 105 

Table 4.6 Calculated ':l' and kO. ITIES values for the complexes at the ITIES based on 

peak separation at 1mV sot, (D was calculated using data obtained from 

micro electrode measurements). ~x is the the difference between the distances of 

closest approach at the ITIES and at the Pt microelectrode. 

Complex *Epa-Epc ':l' 10-4ko. ITIES ~xfA 

fmV fcm S-I 

1 157 0.25 1.79 3.6 

2 206 0.1 0.70 5.7 

3 105 0.5 3.30 3.7 

-I * Determined from expenment at a sweep rate of 1 mVs . 
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Table 4.7 Parameters *tp and tp relate to actual and predicted behaviour of the 

complexes at the ITIES respectively. (Similarly 6.(6. Wo~)and *Epa-Epc correspond to 

actual and predicted peak separation at the ITIES.) Predicted behaviour was based on 

observed behaviour at the Pt electrode I electrolyte solution interface (at a scan rate 1 

and (40) mVs-1
). Obtained from References22,33. 

L 6.(6. Wo~) \If *tp *Epa-Epc 

ImV ImV ImV ImV 

1 157 0.25 9.03 (1.42) 63 (84) 

2 206 0.1 - <61 

3 105 0.50 1.94 (0.31) 72 (121) 

Table 4.8 Comparison of experimentally determined electron transfer potentials 

(EO.calc) at a metal micro electrode, literature values (EO.ref
) and in the two-phase liquid 

I liquid system (6. wo~1/2). 

Complex EO./! *EO.ref 6. Wo~ET 

ImV ImV ImV 

1 833 710a 5 

2 557 420b 149 

3 748 590c 52 

Where a=reference 16 b=reference 23 and c=reference 15 

*not corrected for the liquid junction 

**calculated using Equation 4.8. 

** 6.wo~1I2 

ImV 

205 

-71 

120 
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(a) 

(b) 

(c) 

Figure 4.1 Molecular model images of the RuL2Ch complexes investigated (a) 1 (b) 

2 and (c) 3. Ru=dark blue, CI=green, P=yellow, C=pale green and H=white/grey. 
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Figure 4.2 Polarisation curves for the oxidation of 0.5 mM RuL2Ch on a 10 J.lm Pt 

micro electrode in 1,2-DCE. The potential scale has been referred to the SHE scale. 

(a) 1, (b) 2, (c) 3 and (d) baseline. 
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Figure 4.3 Semi-logarithmic plot of the steady state polarisation curve for the data in 

Figure 4.2 for the oxidation of 0.5 mM of compound 1 on a 10 J.lm Pt micro electrode 

in 1,2-DCE, showing a slope of85 mY/decade. 
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Figure 4.4 Cyclic voltammetry for the system described in Cell 4.3 at a sweep 

rate of5 mVs- 1
• The aqueous base electrolyte was 10mM LiCI. (a) in the absence 

of either electroactive species and (b) as (a), but with 2 mM of 1 present in the 

organic phase. No aqueous redox species was present. 

100 

- (a) 
80 (b) 

(c) 
60 - (d) 

40 

';" 

E 20 u « 
~ 0 

-20 

-40 

-0.3 -0.2 -0.1 0.0 0.1 0.2 0.3 0.4 

6
w MV 

o 

Figure 4.5 Sweep rate dependence for Cell 4.2 with 2mM 1 dissolved in th 

organic phase and 0.001 M Fe+2/0.l M Fe+3 present in the aqueous phase. The 

aqueous electrolyte was 10 mM LiCI. The sweep rates were: (a) 5 (b) 10 (c) 40 

and (d) 90 mVs- 1
• 
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Figure 4.6 Sweep rate dependence ofthe cyclic voltamrnetry of a 2 roM solution of 1 

dissolved in the organic phase and 0.001 M Fe+2/0.l M Fe+3 in the aqueous phase. 

The aqueous electrolyte was 1 M LhS04. The sweep rates were: (a) 1, (b) 5, (c) 10 

and (d) 40 mVs- l
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Figure 4.7 Sweep rate dependence of the cyclic vo ltamrnetry of a 1.75mM solution 

of 2 dissolved in the organic phase and 0.001 M Fe+2/O.1 M Fe+3 in the aqueous 

phase. The aqueous electrolyte was 0.5 M LhS04. The sweep rates were: (a) 1 and 

(b) 40 mVs- l
. 
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Figure 4.8 Sweep rate dependence of the cyclic voltanunetry of a l.75 mM solution 

of 3 dissolved in the organic phase and 0.001 M Fe+2/O.1 M Fe+3 in the aqueous 

phase. The aqueous electrolyte was 0.5 M LhS04. The sweep rates were: (a) 1, (b) 5, 

(c) 10 and (d) 40 mVs-l
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Figure 4.9 Dependence of peak potential on sweep rate for electron transfer between 

1 and the hexacyanoferrate couple at the water-l ,2-DCE interface. Conditions are the 

same as in Figure 4.6. 
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Figure 4.10 Dependence of peak: current on sweep rate for electron transfer between 

1 and ferri-ferrocyanide at the water-1,2-DCE interface. Conditions are the same as 

in Figure 4.6. 
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CHAPTERS 

NUCLEATION AT THE ITIES 



5.1. Introduction 

The purpose of the work described in this chapter was to find two-phase nucleation 

systems that could be used to probe the initial stages of nucleation and growth of 

transition metals at the liquid-liquid interface. Preliminary investigations were 

carried out using cyclic voltammetry and once a system had been deemed suitable for 

further investigation, potential step transients were used to study the initial stages of 

nucleation and growth. In the next chapter, studies on the initial stages of nucleation, 

using a combination of spectroscopic and electrochemical techniques, are described. 

Metal colloids (d >10 nm) have been known since the time of Faraday, but have 

recently become the focus of intense interest. There are two main reasons for this 

interest in the study of nanosized metallic particles. Firstly, the particles exhibit 

unusual properties compared to the bulk metal. It has been well documented, for 

example, that particles in the nanometer size-range have electronic and optical 

properties that differ from those of either the atomic or bulk states.1 The reason for 

these differences is that a large percentage of a nanoclusters' atoms lie on the surface 

and these surface atoms do not necessarily order themselves in the same way as those 

in the bulk state. In addition, the fact that their electrons are confined to a small space 

gives rise to quantum size effects.2- Having a much higher surface area-to-volume 

ratio than larger particles, the particles' properties are highly sensitive to the state of 

their surface. Secondly, nanometer sized particles are of potential use in a variety of 

fields including; semiconductors and catalysis. The use of nanoparticles as highly 

selective catalysts is discussed in a later Chapter. 
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Since the properties of nanoparticles e.g. catalytic activity and optical properties, 

vary as a function of size, one of the most immediate goals in this area is the 

development of methods to achieve a reproducible synthesis of clusters of a 

predetermined size, composition and shape. An understanding of the mechanism of 

particle formation would undoubtedly facilitate the design of a reliable synthesis. 

Few investigations into the mechanism of nanocluster formation have been reported 

for two reasons. Firstly, the lack of suitable synthetic methods, and secondly, the lack 

of methods to monitor the formation of nanoclusters in real time. 

Traditionally, four general methods for transition metal nanocluster synthesis have 

been used; chemical reduction of the metal salt, thermal or photochemical 

decomposition, ligand reduction and displacement from organometallic compounds, 

and metal vapour synthesis) These methods provide reasonably monodisperse 

particle syntheses. For example, gold colloids of various sizes, depending on the 

reaction conditions, have been prepared by the reduction of AuCl4 in water4 or in 

organic solvents.5,6 However, these are purely chemical reactions and the reduction 

rate is difficult to control. A fifth and more recently proposed method for particle 

preparation is by electrochemical means. This has been proven to be convenient for 

growmg isolable transition metal nanoclusters that can be re-dissolved in non

aqueous solution. Electrochemicar methods allow control over the degree of 

supersaturation during particle formation. Hence the reaction rate and ultimately the 

particle size can be controlled by changing the overpotential of the substrate 

undergoing nucleation. In this respect, the use of electrochemical techniques for the 
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preparation of nanoparticles appears to have distinct advantages over chemical 

methods. 

Another important aspect of the study is in the area of nanoparticle stabilisation. 

Nanoclusters, although kinetically stable are thermodynamically unstable and prone 

to aggregation. Thermodynamic stabilisation can be accomplished in one of the 

following ways: electrostatic (charge), steric (uncharged) stabilisation or by a 

combination of the two. There have also been reports of nanoparticle stabilisation by 

solvent molecules, in the absence of charge or steric stabilisers. 7 ,8 

A large-scale, size-selective, electrochemical synthesis of colloidal palladium has 

been previously described by Reetz.9 A simple electrochemical cell was used; an 

anode of the desired metal was immersed in a solution containing a tetra-alkyl 

ammonium and a metal salt. The tetra-alkyl ammonium salt functions both as the 

supporting electrolyte and as the stabilising agent for the particles produced. It was 

observed that greater stability is provided by longer-chain ~W cations. The 

technique allows for control of the size of the particle (higher current densities 

producing smaller particles) and the particles can be easily isolated by precipitation 

and re-dissolved. This synthetic method allows the preparation of a variety of metal 

, particles at a high yield (>95%). One drawback is that nanocluster formation and 

growth cannot be followed directly, thus limiting the amount of mechanistic 

information that can be obtained. 

It was first demonstrated that metal films could be deposited at the interface between 

two immiscible electrolyte solutions (lTIES) in 1975.10 Since then goldll and 
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palladium nanoparticles12-14 have been deposited at the ITIES by electron transfer 

(ET) reactions. The reaction is markedly irreversible. The basic theory and concepts 

of nucleation and growth at the liquid-liquid interface are essentially the same as 

those described for the process at a solid electrode, i.e. any nucleus exceeding the 

critical size will grow under diffusion control. 15,16 The system that is being 

considered here consists of an organic solvent, immiscible with water, containing an 

organic redox couple, in contact with an aqueous solution of metal ions. Application 

of a suitable interfacial Galvani potential difference induces heterogeneous ET 

(RET), leading to the electrodeposition of a metal phase at the interface. 

The interface between two immiscible electrolyte solutions offers an ideal substrate 

for the study of nucleation phenomena for two reasons. Nucleation on any electrode 

surface is affected by the interaction between the newly formed phase and the 

electrode substrate. Since the cohesive energy between the newly formed substrate 

and a metal is much greater than that with a liquid, the ITIES provides an ideal 

substrate for the study of the electrochemical generation of metal nanoparticles. Also, 

heterogeneous nucleation is highly sensitive to the presence of irregularities on the 

electrode surface since these sites act as nucleation centres. For an ITIES the 

electrode surface is free from defects. Despite these fundamental advantages, there is 

, a lack of studies in this area. The majority of research on RET at the ITIES has 

centr~d on simple reversible systems.1 7-21 There is clearly a need for further studies 

of the deposition of metallic particles at the liquid I liquid interface. 

As previously mentioned, there is a lack of preferential nucleation sites on the 

liquid/liquid interface and although this is advantageous from a theoretical 
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viewpoint, experimentally it may prove problematic. Defects act by lowering the 

activation energy for the nucleation process to take place. The nucleation process 

occurring at the liquid I liquid interface has been shown to be significantly slower 

than at solid electrodes. 12 This is most likely related to the aforementioned lack of 

defects on the electrode surface. 

Nucleation at the liquid I liquid interface occurs via a RET that resemble the simple 

systems used in the last chapter, in that interfacial transfer reactions occur. However, 

some important differences exist between the two systems. As already mentioned, 

ideal ET requires a' system that is not complicated by additional reactions such as 

partitioning of neutral species, coupling of ion and ET, or the presence of competing 

chemical reactions. The experimental requirements to study ET without side 

reactions include stability of both the oxidised and reduced forms of the redox 

species, absence of partitioning and inert base electrolytes. However, the HETs 

discussed in this Chapter differ from those in Chapter 4 in that in the present 

examples, the aqueous redox couple is a metal salt, the reduction of which is an 

irreversible reaction. Also, in this case, HETs across the ITIES leads to the 

nucleation of a new phase at the interface. In this case the concentrations of the two 

species' were similar in both phases. Therefore, any analysis of the results of 

nucleation and growth phenomena at ITIES requires that diffusion in both phases 

must be considered, since the current is limited by the diffusion of each of the redox 

couples to the interface. In consequence, the analysis cannot be carried out using the 

classical theory developed for metal electrodes. The nucleation systems investigated 

here resemble those described by Stewart,22 with zero initial concentration of 

products and therefore, the criteria used previously to characterise voltammetric 
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results18 i.e. one redox couple is present in excess therefore it is assumed to have the 

same properties as a metal electrode, cannot be used and diffusion in both phases 

must be considered. 
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5.2. Experimental 

5.2.1. Nucleation at a metal electrode I electrolyte interface 

Prior to potential scanning, in all the metal nucleation experiments described, the 

electrode was held at a potential positive of where reduction takes place and the 

potential was then scanned to negative potentials to electrodeposit the metal. The 

standard potentials for the metal salts studied are given in Table 5.1. All potentials 

are quoted versus the standard hydrogen electrode (SHE). 

5.2.2. Nucleation at the water I 1,2-DCE interface 

All the systems were initially studied using cyclic voltammetry. The cell was cleaned 

after each measurement to ensure a clean interface. Prior to potential scanning, the 

interface was held at a potential negative (i.e. the potential of the aqueous phase is 

negative with respect to the organic phase) to the value required to observe 

reduction. The interfacial Galvani potential difference ll.: ¢J was scanned in the 

positive direction causing ET from the organic to the aqueous phase, thereby 

reducing the metal ion at the interface. A positive current is defined as transfer of a 

positive charge from the aqueous to the organic phase. All potentials are quoted on 

the standard Galvani scale. The applied potentials were transformed to the Galvani 

scale as described in Chapter 3, using ll.: ¢J
TPAS

• = -364 mV .23 Potential step 

experiments were carried out on an identical system to that used for cyclic 

voltammetry. Fresh solutions were always used to ensure a clean interface, without 

preferential nucleation sites. 
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5.2.3. Non-electrochemical measurements 

Equilibrium studies (i.e. in the absence of an externally applied potential) were 

carried out by contacting the aqueous and organic phases to check for any sign of 

spontaneous reactions or interfacial film formation. 
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5.3. Results 

Tetrachloroaurate, tetrachloroplatinate, tetrachloropalladate and silver ion are easily 

reduced to the zero valent state by mild aqueous reductants, such as citrate.24-26 The 

standard potential for the reduction of the metal ions used here are given in Table 

5.1. 

Preliminary voltammetric experiments were carried out on the nucleation of a series 

of transition metal complexes at the liquid I liquid interface with an electron donor 

in the organic phase, in order to determine their suitability for further investigation of 

the kinetics of the nucleation and growth processes. The choice of metals for these 

studies must be made based on several factors; the complex chosen must be 

sufficiently soluble in the aqueous phase and it must not partition between the 

phases. It is also important that neither the metal ion nor its counter-ion transfer 

within the potential window. The substituted ferrocenes dimethylferrocene (DMFc) 

and decamethylferrocene (DCMFc) were chosen as the organic-phase electron donor. 
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Table 5.1:Standard Reduction Potentials of the metal ions used. (Eovs SHE) 

Reaction EO/mV 

Hg(N03)2IHg 610* 

Au+3/Au+ 1,401 

Au+IAu 1,692 

AuC14-IAu 1,002 

Pd2+lPd 951 

PdCl/-lPd 591 

PtCl/-lPd 755 

Ag(S203 )~- IAgO -350* 

All values were taken from reference 27 except * which was measured at a Pt 

electrode. 

5.3.1. Mercury 

The electrochemical nucleation of Hg onto a foreign substrate has frequently been 

studied due to the high rate of the reaction: 

(5. 1) 

and the fact that the product is a well-defined liquid.28 

Before liquid I liquid voltammetry was carried out, the redox behaviour of 

mercurous nitrate was first probed at a Pt electrode I electrolyte solution interface 

using Cell 5.1(i). In common with all the metal deposition experiments reported in 
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this chapter, prior to potential scanning, the electrode was held at a positive potential 

where no reduction takes place and then scanned negatively. 

seE IOmMHN"°3 

1ml\11 Hg(N03)2 
(aq) 

Cell 5.I(i) 

Pt 

The voltammetry (Figure 5.1.1) shows classical deposition-stripping behaviour - a 

reduction peak on the forward scan (630 mY) and a sharp stripping peak on the 

reverse scan (720 m V). Secondary stripping peaks are sometimes observed at more 

positive potentials (850 m V in Figure 5.1.1). This is most likely due to an 

inhomogeneous accessibility of the deposit on the electrode surface. 

Two-phase liquid I liquid voltammetry was carried out in the system described in 

Cell 5.1 (ii). 

lOrnI\o1 TPAsCl IOrnI\o1 TPAsTPBF5 
SCE 5 rnI\o1 DCIVIF c 

(aq) (DCE) 

Cell 5. 1.(ii) 

10 rnI\o1 !-IN03 
SCE 

lrnI\o1 Hg(N03h 
(aq) 

The supporting electrolyte anion TPBCI was unsuitable for use with Hg2
2
+ since the 

formation of a Hg deposit at the interface was observed in the absence of an organic 

redox couple. TPBFs- was considered a suitable alternative to TPBCr as it is much 

more difficult to oxidise (with reduction potentials of 2 V and 0.8 V respectively). 

When TPBFs- was used in place of TPBCr, chemical reduction of Hg2+2 was not 

observed in the absence of the organic reductant (Figure 5.1.2). TPBF s -was used as 

-
the organic supporting electrolyte for all mercury nucleation studies presented here. 
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The increased current observed at the negative end of the potential window seen in 

Figure 5.1.2 is due to Hgl+ transfer. It was therefore necessary to limit the window 

(from -200 to -125 mY) in order to be able to observe HET. On addition of the redox 

couple to the organic phase (Figure 5.1.3) an increase in current due to HET leading 

to nucleation of metallic mercury was observed. It was also observed that the metal 

electrodeposition current decreases on successive scans. This peak current depression 

is probably due to the combination of two factors. Firstly, the diffusion limitation 

i.e., there is a decrease in concentration of reducing agent at the interface, due to the 

irreversible formation of mercury metal, and secondly, due to the passivation of the 

particle's surfaces. Mercury is extremely sensitive to contamination and therefore it 

is likely that the particles adsorb ions from the organic phase base electrolyte after 

formation of nuclei, thus passivating their surface and preventing further growth. 

This effect was observed for all the metal electrodeposition experiments described in 

this chapter. 

The ET reaction taking place is: 

mHg!2+ m DCMFc (0) ~ 2Hg~ +m DCMFc+ (0) (5.2) 

where Hg~ is a mercury particle deposited at the interface containing m atoms. 
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5.3.2. Gold 

The electrochemical reduction of the tetrachloroaurate anion was investigated at the 

Pt microelectrode. The measured potentials refer to Cell 5.2(i) and were referred to 

the SHE. 

0.5 M LiC! 
SCE 1 mM HAuC!4 Pt 

(aq) 

Cell 5.2 (i) 

Two well-separated reduction steady state polarisation waves were obtained (Figure 

5.2.1). The half wave potential of the first process was 780 mV with a limiting 

current of approximately 2 nA. A diffusion coefficient was estimated for AuCI4- in 

water of 3.9 x10-6 cm2s-1 from the diffusion coefficient (4.9 x10-6 cm2s-1)11 by 

considering the viscosities of water and 1,2-DCE (0.89 and 0.779 mPas 

respectively27). From Equation 3.4, a value of n of 2.6-2.7 was estimated. This 

confirmed that this wave corresponds to the three electron reduction of Au +3 to Auo. 

The second reduction wave, occurring at a potential of 100 mY, corresponds to the 

reduction of the proton. 

The electrochemical reduction of AuCI4- was studied at the DCE I water interface. 

10mM TPAsTPBCl 30 mM Na2S203 
SCE 10mM TPAsCl 2mM DCIvIFc 2 mM AUC!4- SCE 

(aq) (DCE) (aq) 

Cell 5. 2 eu) 

Cheng11 used a hydrophobic' Au salt to facilitate the matching of potential for ET 

with the aqueous ferro/ferricyanide redox couple. In the present work, the reduction 

strategy adopted was to have Au in the aqueous phase, thereby taking advantage of 
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the fact that the standard potential of gold in aqueous media is less negative than that 

in organic solutions. 11 ,27 However, since the transfer of AuCI4- occurs within the 

polarisation window,11 sodium thiosulphate was added to the aqueous phase in order 

to increase further the hydrophilicity of the gold complex. 

10mlVl TPAsTPBCI 
SCE 10mlVl TPAsCI xmlVl DCMF'c 

30 mM Na2S203 
I mM AuC14- SCE 

(aq) (DCE) (aq) 

Cell 5. 2 (iii) 

It was found that at S203 : Au ratios greater than approximately 5:1 IT is not 

observed in Cell 5.2(ii). The addition of a reducing agent to the organic phase leads 

to an increase in faradaic current; i.e. HET between tetrachloroaurate and DCMFc is 

observed (Figure 5.2.2). However, reduction is extremely irreversible, so much so 

that no peak is observed within the available polarisation range. This is due to the 

strong stabilisation of Au (III) relative to the zero valent metal and therefore, 

reduction is energetically less favourable and slow. In addition the electrochemistry 

of gold is complicated by disproportionation reactions. The interfacial ET reaction is 

represented by: 

where Au~ is a gold particle deposited at the interface containing m atoms, and p is 

the oxidation state of Au. 

The thiosulphate ligand not only increases the hydrophilicity of the gold but also 

stabilises the ion, making the reduction by DCMFc very unfavourable. For this 

reason the gold system was considered unsuitable for further investigation. 
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5.3.3. Palladium 

Cell 5.3 was used for all palladium nucleation studies Fc refers to the ferrocene 

derivative used as the reducing agent in the organic phase (DMFc and DCMFc). 

SCE 
10roM: TPAsCl 10mM TPAsTPBCl 

(aq) 
xroM: Fe 

(DCE) 

Cell 5.3 

10 roM: LiCl 
2-0.4 roM: PdC14 

(aq) 

SCE 

Figure 5.3.1 shows the cyclic voltammetry for the system described in Cell 5.3. 

When both the organic redox species and the aqueous ammonium palladate solutions 

were present, two processes were observed to occur. Transfer of DMFc +, with a half 

wave Galvani potential of -100 m V and the irreversible response, with a Galvani 

peak potential of 125 mV corresponding to the electrochemical reduction ofPdCI/-. 

When either redox couple is present in Cell 5.3 the voltammetry follows the baseline, 

indicating that neither couple transfers within the potential window and that PdCLt 

is not reduced by the organic phase supporting electrolyte. Figure 5.3.1 also shows 

that when a second scan was run immediately after the first, PdCI/- reduction occurs 

at a slightly less positive potential (~~ cD = 120 m V). The particles formed during 

the first scan act as preferential nucleation sites or growth centres at the interface, 

facilitating further nucleation and growth. The current density maximum for the 

reduction peak decreased with successive scanning (from 54 to 38 J-lA). This peak 

current depression is due to a combination of the effects. Firstly, the newly formed 

particles are most likely passivated by the tetraalkylammonium ions, and which 

-
block further growth, and secondly, due to a decrease in DMFc concentration due to 

the formation of DMFc +. The Pd-DMFc system is complicated by transfer of the 

oxidation product of DMFc (DMFc +), and the transfer of DMFc + becomes less 
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reversible (the peak separation for the DMFc+ transfer peak increases) on successive 

scans. 

Figure 5.3.2 shows the electrochemical reduction of PdCll- by DCMFc. Choosing a 

more hydrophobic organic redox couple simplifies the voltammetry since transfer of 

the ion DCMFc + does not occur within the potential window. For this reason DCMFc 

was used in preference to DMFc for the remainder of the nucleation studies. 

The presence of either DMFc or DCMFc in the organic phase leads to the appearance 

of an irreversible reduction with peaks at +125 and -10 mV respectively. The 

interfacial ET reaction is: 

mPdCLt(w) + mFc (0) ~ Pd~ +4mCr(w) +mFc+ (0) (5.4) 

where Pd~ is a palladium particle deposited at the interface containing m atoms, Fc 

and Fc+ are the reduced and oxidised forms of the substituted ferrocene used. 

In the absence of an applied potential, when contacting the two phases. spontaneous 

reduction to metallic palladium in the form of a visible interfacial precipitate at the 

interface is observed. In addition, a colour change was detected in the organic phase 

(from yellow to green). This behaviour was most apparentfor higher concentrations 

of PdCll- . Coupling of ion and ET in the DMFc-PdCIl- system may induce the 

spontaneous reduction of palladate. Figure 5.3.1 shows that an ion transfer reaction 

takes place in addition to the reduction of Pd. It is supposed that this is due to the 

transfer ofDMFc+ formed during the reduction ofPd according to: 

DMFc + (0) ~ DMFc+ (w) (5.5) 
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PdCli- has a relatively low reduction potential (591 mY). It is difficult to decide 

whether the spontaneous reaction is a result of the combined effect of ET-IT 

coupling and the low reduction potential of the PdCli-, in the case of DMFc. 

However, coupling of ET and IT is unlikely when DCMFc is used as the organic 

redox couple, yet the reduction is still spontaneous. Thus the magnitude of the 

reduction potential of the metal is considered to be the essential factor in determining 

whether or not the nucleation reaction at the ITIES will be spontaneous. Altering 

experimental conditions has been shown to stabilise the palladate and hence decrease 

the rate of its spontaneous reduction, but the spontaneous reaction cannot be 

prevented in this manner. 12 

The effect of using a Pd salt that was more difficult to reduce was investigated. 

Equilibrium studies made by contacting PdCN2
- and an organic soluble reducing 

agent showed no signs of palladium reduction (or any other side reactions) even after 

prolonged contacting times (up to 24 hours) even at higher concentrations of both 

species (up to 5 mM). However, voltammetry carried out at the liquid-liquid 

interface using Pd(CN)i in contact with an organic soluble reducing agent showed 

no current increase due to the HET reaction. It is concluded that the reduction of the 

tetracyano salt is energetically too demanding for this system. 

Ideally, for the present studies, a system is required in which the nucleation is under 

potential control (i.e. not involving the spontaneous deposition of particles). 

However, information obtained from the study of the present system still allows 

important conclusions to be made about the process of nucleation at the ITIES. The 
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present work demonstrates clearly that nucleation of metal particles at the liquid I 

liquid interface via the RET reaction between an aqueous soluble metal salt and a 

reducing agent in the organic phase is possible. It was concluded that the nature of 

the reduction reaction (i.e. its spontaneity) was concerned mainly with the nature of 

the metal and less so with the nature of the organic redox couple. (Interfacial 

nucleation was detected irrespective of which organic redox couples was used, but 

was dependent on which palladate was used.) The palladate-ferrocene system was 

deemed unsuitable for kinetic measurements. In order to study the potential 

dependence of metal nucleation it is necessary to ensure that no preferential 

nucleation sites exist at the interface. 

5.3.4. Silver 

Silver is an ideal candidate for nucleation studies at the ITIES for several reasons. It 

is frequently studied and relatively inexpensive, it is of practical importance in 

photography,29,30 catalysis,3! surface enhanced Raman spectroscopy,32 and 

analysis33. Also, Ag has a narrow intense plasmon absorption in the visible region 

which is very susceptible to surface/interfacial effects 34 making it suitable for 

spectroscopic studies. 

The study of silver nucleation at the ITIES presented two initial problems. Firstly, 

finding a suitable aqueous supporting electrolyte since the presence of halides would 

result in the precipitation of the silver halide and the presence of any precipitate 

would effect the nucleation rate by acting as nucleation sites. Secondly, Ag+ transfers 

within the potential window. In order to overcome this problem a similar approach 
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was taken as with the Au system, i.e. s20l- was used as a complexing agent in the 

aqueous phase. S20t acted by increasing the hydrophilicity of silver, increasing the 

Galvani transfer potential, thus preventing its transfer to the organic phase within the 

potential window. Thiosulphate reacts with silver according to: 

(5.6) 

The complex formed, Ag(S203 )~-, is reduced according to:35 

(5.7) 

Thus S2032- behaves' as both a complexing ligand and as aqueous supporting 

electrolyte. Silver thiosulphate was formed in-situ, by slowly adding dilute solutions 

of silver sulphate to the s20l- solution. At lower s20l- : Ag+ ratios « 5 : 1) the 

formation of a black precipitate was observed, corresponding to the following 

reaction:36 

(5.8) 

This precipitation does not occur when higher concentrations of S20t are used, 

provided that the reaction mixture is vigorously stirred while forming the salt. 3 7 

Microelectrode voltammetric experiments were carried out in order to study the 

effect of varying the S20t : Ag+ ratio on the reduction of Ag using Ce1l5.4(i). 

seE 
ymM Na2S203.5HzO 

0.5 mM Ag2S04 Pt 
(aq) 

Cell S.4 (i) 

Typical results from the micro electrode study are shown in Figure 5.4.1 and 

presented in Table 5.2 It can be seen that as the S20t concentration is altered, a 
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change in peak: characteristics results. While increasing the S2032- : Ag+ ratio has 

little effect on the potential at which nucleation takes place, it has a significant effect 

on both the peak: maximum and the peak position of the stripping peak:. For higher 

ligand concentrations the reduction potential (Ered) is slightly decreased. 

Table 5.2 Reduction of Ag in S2032- solutions at a microelectrode using Cell 5.4(i). 

Where is and Es refer to the current maximum and peak potentials for the stripping 

peak respectively. 

[y] Na(S20 3) Es is 
Bred 

ImM ImV InA ImV 

5 220 2.3 -310 

20 260 10.3 -310 

80 220 12.7 -330 

The half wave reduction potential was approximately -350 m V vs SHE. This value 

differs significantly from previous determinations of the equilibrium potential of 

Ag+/S20 3
2

- solutions of similar concentrations. Gonnissen et a1.38 reported a value of 

-457 m V vs SHE. A similar discrepancy is observed for the range of reduction 

potentials measured by Simons et a1.39,40 These authors found that nucleation and 

growth on a silver electrode occurred in the potential range of -470 to -510 mY. The 

difference between these experiments and the data obtained in the present work is in 

the solutions employed. Although in the present work and that in references39,40 the 

ratio of Ag+/S20l- was similar, an additional high concentration of NaN03 (O.lM) 

and a very alkaline condition (PH 12) were employed in Reference39,40. 
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Having determined the optimum reaction conditions, the interfacial ET between 

silver DCMFc and S20{ was studied using Cell 5.4(ii). When either redox couple 

alone was present, the voltammetry followed the baseline. 

! OmM TPAsTPB C! 
SCE !OmM TPAsC! xmM DCMFc 

(aq) (DCE) 

Cell 5.4 eii) 

30 mM Na2S203 
0.5 mM Ag2S04 

(aq) 
SCE 

Addition of DCMFc to the organic phase led to the observation of HET between 

DCMFc and Ag+. On the second and successive scans, a wave at negative potentials, 

which increased to a constant current after several scans, is observed. It is proposed 

that this is a result of transfer of the DCMFc + formed during silver reduction from 

the organic to the aqueous phase. The transfer of DCMFc+ is probably assisted by the 

presence of a doubly charged anion in the aqueous phase. It was also noted that on 

successive scanning the height of the reduction wave decreased. 

An increase in the concentration of the electron donor in the organic phase (DCMFc) 

results in increased reduction currents (Figure 5.4.3). However, the reaction is not 

first order with respect to DCMFc, showing that the reduction rate is not limited by 

its concentration, but most likely by the rate of nucleation and growth. 

Potential step experiments were carried out on the same system as used for 

voltammetry, Cell 5.4(ii). Figure 5.4.4 shows the current transient responses for a 

series of potential step experiments. All measurements were made by first applying a 

potential of -150 mY, where no electrochemical deposition takes place, for 25 

seconds, and then stepping to the desired potential. Current-transients at higher 

potentials exhibit nucleation and growth features typically observed for metal 
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deposition at solid electrodes.1 5,16,41-43 The response passes through a peak and 

decreases towards a steady state current at longer times. The current increase 

corresponds to growing reaction area, whereas the subsequent decrease is due to the 

onset oflinear diffusion conditions. 

The current-time transients for silver nucleation were analysed in reduced coordinate 

plots.1 5 Figures 5.4.5 and 5.4.6 show these results from which it can be concluded 

that the experimental transients at short times can be analysed using traditional 

theory. This is not true of the current behaviour at longer times. The transient current 

decays to a constant current at long times and do not decay to zero as predicted by 

classical nucleation theory, even after prolonged times (5000 seconds). This is not 

due to convection effects and it could be due to the occurrence of a chemical 

reaction44 with the base electrolyte (TPBCr or with S20/) It is also possible that 

S20t stabilises the silver particles and that they transfer into the aqueous phase. The 

latter is the proposed origin of the current observed at long times. A comparison of 

the transients shown in Figures 5.4.5 and 5.4.6 indicates that as the overpotential is 

increased, the nucleation mechanism (at short times) changes from instantaneous to 

progressIve. 

The nucleation and growth transients were used to calculate the nuclear number 

density (N) and the diffusion coefficient at each of the applied potentials. The former 

was calculated from the current at the maximum of the transient (1m) and Equation 

2.27 and the latter from Jm
2tm, where tm is the time to the maximum in the current and 

Jm the maximum current density, using Equation 2.24. The results of these 

calculations are given in Table 5.3. The average value for the diffusion coefficient 
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(8.1xlO-6cm2s-1
) was in good agreement with that obtained by previous workers of 

Table 5.3 Table of parameters calculated from Ag nucleation experimental transients 

at various applied potentials (L\ wo<1». Where Jm and tm are the current density and 

time maxima, D is the diffusion coefficient and N is the nuclear number density. 

L\ W 0<1> 105Jm tm 109Im2tm 106D 10-4N 

ImV IAcm-2 Is IAcm-2s Icm2s-1 Icm-2 

150 11.2 86 10.8 7.1 3.1 

250 16.2 70 18.3 12.1 6.5 

300 28.1 10 0.8 5.2 19.6 

Knowing the total number of nuclei per cm (N) and the total charge of the particles 

(Q, given by the area under the peak in the current transients) it was possible to 

determine the charge per site (Qp). The mass of a particle (mp) was then determined 

using the following relationship (all other parameters have their usual meaning). 

(5.9) 

Using the density of silver (10.5 gcm-3)27 the average radius of one particle (rp) was 

determined at each overpotential. As can be seen from Table 5.4, the average particle 

size decreased as the applied potential increased. The average size of the particles 

formed within the potential range investigated was in the order of nm, which 

confirms that nanoparticles were formed at the interface with the application of an 

interfacial potential. 
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Table 5.4 Parameters involved in calculation of the size of the Ag particles formed. 

Qp and mp are the charge and size of one particle and rp is the average radius of the 

particles. 

~Wo<D 109Qp 10-12m p rp 

ImV IC Ig Inm 

150 8.4 9.4 590 

250 6.5 7.2 541 

300 0.5 0.6 232 

Neither voltammetry nor potential step experiments made at the ITIES show any 

increase in current in the absence of the organic redox couple. Addition ofDCMFc to 

the organic phase, however, leads to an increase in current. This confirms that the 

peak observed in the potential transients is due to AgO formation and not to the 

precipitation of Ag+X-, (e.g. X=TPBCI). If Ag+X- formation occurs in the absence of 

the organic redox couple, an increase in current would be observed. 

The rate of Ag nucleation is low, because the reaction is complicated by the 

decomposition of the base electrolyte. Thiosulphate increases the hydrophilicity of 

the silver ion but also stabilises it. It is for this reason that an optimum concentration 

ratio had to be established, if the concentration were too low there was a risk of the 

transfer of Ag form the aqueous to the organic phase, while at excessively high 

concentrations of ligand, the metal ion was difficult to reduce. Decomposition of the 

thiosulphate ligand is possible within the potential window e.g. 

(5. 10) 

(5. 11) 
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It is possible that products of the decomposition reaction passivate the particle 

surface preventing further growth. For this reason it was assumed that the particles 

formed remain small. In the next Chapter, in-situ spectroscopic experiments are 

carried out on the silver system at the externally polarised ITIES in transmission, 

scattering and reflectance modes. 

5.3.5. Platinum 

Pt was chosen as a metal ion for nucleation studies for several reasons. Firstly, this 

metal has practical importance as an electrocatalyst with the long-term aim of its use 

in fuel cells.45-48 Secondly, a wide variety of salts in both the (+IV) and (+II) 

oxidation states are available. Also, Pt complexes tend to be less reactive than their 

Pd analogues 27 for this reason it was expected that the Pt metal nucleation reaction 

would be less likely to occur spontaneously at the liquid-liquid interface. 

Unfortunately, the plasmon absorption band of Pt lies outside the UV -visible region 

and a quartz cell would be required for any spectroscopic measurements. 

Cell 5.5 was used for all platinum nucleation studies. 

SCE IDmM TPAsCI 

(aq) 

I DmM TPAsTPB CI 

5mMDCMFc 
(DCE) 

Cell 5.5 

IDmMLiCI 

ImMPtCIl
(aq) 

SCE 

Figure 5.5.1 shows the voltammetric response when tetrachloroplatinate was present 

in the aqueous phase and without the addition of a reducing agent. There was no 

evidence of spontaneous reactions, or of reduction of the metal ion by the organic 

base electrolyte. However, the current at the negative potential end was greatly 
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enhanced due to the transfer of tetrachloroplatinate from the aqueous to the organic 

phase. Reversible Pt ion transfer was previously observed close to the negative edge 

of the available potential window.49 Thus it was necessary to limit the potential 

window to ensure that the reduction could only occur by a heterogeneous pathway by 

limiting the potential scan from -250 to 350 mY. Figure 5.5.2 shows that on addition 

of DCMFc to the organic phase a large increase in current results. Figure 5.5.3 shows 

the effect of successive scanning on the voltammetric response. In common with the 

other metals studied, the current maximum of the reduction peak decreases from the 

first to the second and the third scans respectively. 

Potential step experiments were carried out on the same system as used for cyclic 

voltammetry. For all measurements a potential of -150 mV was applyied for 30 s, 

where no electrochemical deposition occurs and then the system was stepped to the 

desired potential. Figure 5.5.4 shows typical I-t transient responses to a single 

potential step for the system described in Cell 5.5. The transients recorded at higher 

overpotentials are characteristic of a typical nucleation and growth process. It can be 

seen that well formed rising transients are obtained and that the response passes 

through a peak and falls towards a steady state current at longer times. The increase 

in current corresponds to a growing reaction area and the subsequent decrease is due 

to the onset of linear diffusion conditions. 

Figures 5.5.5 and 5.5.6 compare the transients expressed in reduced coordinates with 

the theoretical predictions.-At short times, the transients show reasonable agreement 

with those predicted for instantaneous nucleation. 
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While the experimental transients at short times can be analysed using traditional 

theory, this is not true for the current behaviour at longer times where the current 

becomes almost independent of the applied potential and does not decay to zero. As 

mentioned before for other metals, this is most likely due to the occurrence of a 

chemical reaction44 or because the particles once formed migrate from the interface 

into the solution. 

The nuclear number density (N), diffusion coefficient of the diffusing species (D) 

and average radii of the particles were calculated at each overpotential, as described 

previously for Ag. Results are shown in Tables 5.5 and 5.6 The average value for the 

diffusion coefficient of PtCI/- (3.6xlO-6cm2s-l
) was in close agreement to. the 

obtained by Barker in a similar system (4.7xlO-6cm2s- I).49 
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Table 5.5 Table of parameters calculated from Pt nucleation experimental transients 

at various applied potentials (~wo<D). Where Jm and tm are the current density and 

time maxima, D is the diffusion coefficient and N is the nuclear number density. 

~Wo<D 105Jm tm 109Jmtm 106D 1O-6N 

ImV IAcm-2 Is IAcm-2s Ic2ms-1 Icm-2 

-30 1.7 2.8 0.8 1.5 1.1 

5 3.1 1.9 1.8 3.4 3.7 

10 5.0 1.2 2.9 5.4 9.7 

15 5.7 0.7 2.1 4.0 13.0 

Table 5.6 Parameters involved in calculation of the size of the Pt particles formed. Qp 

and mp are the charge and size of one particle and rp is the radius of the particle. The 

density of Pt is 21.45 gcm-3
. 27 

~Wo<D 1011Qp 10-14m p rp 

ImV Ie Ig Inm 

-30 24.0 27.0 180 

5 11.1 13.1 140 

10 1.0 1.2 63 

15 0.8 0.9 58 

The nucleation reaction is much faster than that for Ag. It is proposed that this is a 

consequence of the absence in this case of a ligand capable of passivating the metal 

particles formed. This ma~es the Pt nucleation reaction somewhat easier to analyse 

than the Ag reaction. In contrast with the Pd system Pt is less reactive and as a result 

no spontaneous nucleation was detected in equilibrium measurements. 
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5. 4. Conclusions 

The work described in this chapter aimed to find a system suitable for the 

investigation of heterogeneous nucleation kinetics parameters. The ITIES provides 

an ideal substrate for the study of the electrochemical generation of metal particles 

since the interaction energy between the newly formed phase and the substrate (the 

liquid I liquid interface in this case) is minimal and the interface provides a surface 

that is free from defects. The first requirement for the system is that the nucleation 

reaction occurs under potential control. If the reaction can occur spontaneously by 
I 

chemical reaction then particles form on contacting the two phases and these can act 

as preferential nucleation sites for further nucleation and growth. Information 

obtained from observing the system in the absence of an applied potential was used 

to determine the suitability of the various systems in this respect. A spontaneous 

reaction leads to a visible colour change in the organic phase (from yellow to green) 

and the formation of a precipitate at the interface (Section 5.3.3). Any system which 

led to spontaneous metal deposition, no matter how slow the reaction was taking 

place, was deemed unsuitable for kinetic investigation. 

For simple heterogeneous ET reactions it is essential that the metal salt and the 

reducing agent both remain in their respective phases. Results obtained from cyclic 

voltammetry and potential step experiments at the ITIES when only one redox 

couple was present, were used to confirm that the reacting species do not transfer 

within the available potential window. The potential window was limited in cases 

where the metal ion transferred at the edge of the potential window (Sections 5.3.1 

and 5.3.5). In cases where the ion transferred in the middle of the potential window a 
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hydrophilic ligand was added to the system in order to create a more hydrophilic 

metal complex (Sections 5.3.2 and 5.3.4). It is also important that no side reactions 

occur between the redox species 'and the base electrolyte (Section 5.3.1). Thus 

platinum and silver were considered to be more suitable for kinetic investigations 

than gold, palladium or mercury. Platinum was not suitable for spectroscopic 

investigations since the maximum of its plasmon resonance band occurs below 300 

nm. 

It was demonstrated that metallic particles, with the exception of gold, could be 

electrochemically deposited at the 1TIES by reduction of aqueous metal salt using a 

substituted ferrocene in the organic phase as electron donor. The electrodeposition 

reaction was studied using cyclic voltammetry and potential step transients. It was 

shown that the current responses depend strongly on the applied Galvani potential. It 

was also demonstrated from the 1-t transients that nucleation at the liquid/liquid 

system occurs at times much longer than for a metal electrode/electrolyte system. 

This is due to the absence of defects on the former. 12 

Potential step transients and cyclic voltammetry provide a simple procedure for the 

rapid investigation of nucleation at the 1TIES. Information on the choice of metal, 

reducing agent, and supporting electrolytes can easily be obtained. 

Models created for diffusion controlled nucleation at metal electrodes were shown to 

be in good agreement with-experiments at short times. 
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Figure 5.1.1 Cyclic voltammetry for the reduction of ImM Hg(N03)2 at a Pt 

electrode using Cell 5.I(i) at a scan rate of 500 m Vs-'. 
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Figure 5.1.2 Transfer of Hg/+ from the aqueous to the organic phase at a scan rate of 

50 mVs-' , conditions as in Cell 5.1(ii). (a) baseline, (b) I mM Hg2(N03)2 added to 

the aqueous phase. No organic redox species was present in either scan. 
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Figure 5.1.3 Cyclic voltammetry showing the interfacial ET between Hg2(N03) 2 and 

DCMFc, conditions as in Cell 5.1(ii), at a scan rate of 50 mVs-1
• (a) 1 mM Hgl+ 

added to the base electrolyte system, (b) and (c) conditions as in (a) but with 5 mM 

DCMFc added to the organic phase, fIrst and second scans respectively. 
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Figure 5.2.1 Cyclic voltammetry showing AuCI4- reduction at a Pt microelectrode 

using Cell 5.2(i), showing two reduction peaks. The scan rates were (a) 25 and (b) 50 

mVs- l
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Figure 5.2.2:Cyclic voltammetry for the interfacial ET between 2 mM AuCI4- and 2 

mM DCMFc at a sweep rate of 50 mVs- l
. All conditions as described in Cell 5.2(iii). 

(a) Baseline and 2 mM AuCI4- (b) as (a) but with 2 mM DCMFc added to the organic 

phase. 

125 



60 -- (a) 

~~~ -- (b) 
40 (c) 

2 0 

/ 
0 

~ /' E 
u -20 

I 
q:: 

=1-
""'- -40 

-60 

- 80 

- 100 
-0 .3 -0 .2 - 0 .1 0 .0 0 . 1 0 .2 0 .3 0 .4 

.6. «(,>w IV 
0 

Figure 5.3.1 Cyclic voltammetry for the interfacial ET between PdCl/- and DMFc at 

a sweep rate 50 mVs- l
, conditions as described in Cell 5.3. (a) Baseline with 0.4 mM 

PdCI/- added to the aqueous phase, (b) and (c) as (a) but with 0.4 mM DMFc added 

to the organic phase, the first and second scans respectively. 
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Figure 5.3.2 Cyclic voltammograms for the interfacial ET between PdCI/- and 

DCMFc at a sweep rate of 25 mV S-I, conditions as described in Cell 5.3. (a) 

Baseline with 0.4 mM (Nllt)2PdCk in the aqueous phase, (b) as (a) but with the 

addition of 1 mM DCMFc to organic phase. 
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was (a) 5 (b) 20 and (c) 80 mM. The inset shows the typical crossover (nucleation 

loop) observed on the reverse scan for (c) . 
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Figure 5.4.2 Cyclic voltammograms for the interfacial ET between Ag+ and DCMFc 

at a sweep rate of 25 m V s-' . All conditions as described in Cell 5.4(ii). (a) Baseline 

with 1 mM Ag+ added to the aqueous phase, (b) and (c) as (a) but with the addition 

of 1.5 mM DCMFc to the organic phase, first and second scans respectively. 
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Figure 5.4.3 Cyclic voltammograms for the interfacial ET between Ag+ and DCMFc 

at a sweep rate of25 mV S-I, conditions as described in Cell 5.4. (a) Baseline with I 

mM Ag+ in the aqueous phase, (b) and (c) as (a) but with the addition of l.5 and 3.5 

mM DCMFc respectively to the organic phase. 
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Figure 5.4.4 Experimental current transients resulting from a single potential step 

applied to the system described by Cell 5.4(ii). The potential was stepped from 360 

mV to the following potentials (a) baseline, (b) 150, (c) 250 and (d) 350 mY. 
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Figure 5.4.5 Comparison of experimental and theoretical transients resulting from a 

single potential step from -150 mV to 250 mY, for the system described in Cell 5.4. 

(a) experimental, (b) instantaneous and (c) progressive. 
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Figure 5.4.6 Comparison of experimental and theoretical transients resulting from a 

single potential step from -150 mV to 300 mY, for the system described in Cell 5.4. 

(a) experimental, (b) instantaneous and (c) progressive. 
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Figure 5.5.1: Cyclic voltammetry showing the transfer ofPtCI/- from the aqueous to 

organic phase at a sweep rate 50 mVs-lof. Cell 5.5. (a) baseline, (b) 1 mM ptCli 

added to base electrolyte system and (c) shows the available the potential window for 
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Figure 5.5.2: ET between PtCI/- and DCMFc,. at a sweep rate of 50 mVs-l(a) 

baseline, (b) 5 mM DCMFc added to base electrolyte system (c) both redox couples 

present in Cell 5.5 . 
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Figure 5.5.5 Comparison of experimental and theoretical transients resulting from a 

single potential step transients from -150 mV to 30 mY. Experimental conditions as 

in Cell 5.5. (a) experimental, (b) and (c) theoretical transients calculated for 

instantaneous and progressive nucleation respectively. 
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Figure 5.5.6 Comparison of experimental and theoretical transients resulting from a 

single potential step transients from -150 mV to 50 mY. Experimental conditions as 

in Cell 5.5. (a) experimental, (b) and (c) theoretical transients calculated for 

instantaneous and progressive nucleation respectively. 
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CHAPTER SIX 

SPECTROELECTROCHEMISTRY 



6.1. Introduction 

Particles in the nanometer size range are considered as a new physico-chemical 

dimension between that of molecules and the bulk material. The particles have an 

extremely large surface-to-volume ratio and exhibit unusual chemical and physical 

properties. Given that factors including size, shape, symmetry and how close the 

particles are to each other all affect their optical properties,1,2 optical methods can 

be used for the direct determination of these parameters) Many transition metal 

particles absorb in the visible region,4 but due to the excitation of surface plasmon 

resonances Ag and Au have been the most widely studied metals. 5-10 A brief 

description of how UV -visible spectroscopy can be used to monitor such changes is 

given below. 

(a) Size: It is generally accepted, that as particle size decreases, the maximum in the 

plasmon resonance band shifts to shorter wavelengths (blue shift) due to an increase 

in the band gap of the smaller particle. Conversely as the average particle size 

increases, the plasmon band shifts to longer wavelengths (red shift).11,12 Also small 

particles exhibit a broader absorption band than larger particles. 13, 14 

(b) Shape: The effect of shape on the position of plasmon resonance band of 

colloidal particles is not well understood, but recently it was found that specific 

. geometrical shapes give distinct spectral responses. 15 It was shown that altering the 

shape of Ag particles led to an obvious spectral shift from blue to red. 
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(c) Symmetry: A strong dependence of the spectral response on the symmetry of the 

particle has been predicted; 2-d nanoparticles of constant size but with non-regular 

cross-section, exhibit absorption spectra of varying complexity; the higher the 

particles' symmetry, the simpler the spectrum. l6 

(d) Aggregation: Aggregation of particles leads to the emergence of an absorbance 

band at longer wavelengths with respect to the plasmon band of individual particles. 

Thus a Ag particle of cylindrical geometry exhibits an absorbance at 550-580 nm 17 

while the plasmon absorbance band of a spherical particle occurs at 380-400 nm. 

Another important optical characteristic of these particles is their ability to scatter 

light. Plasmon resonant particles (PRP) are sub-micron (d=40-100 nm) metallic 

nanoparticles that scatter light upon illumination with white light. This effect is well-

established for nanometer sized particles of Ag18 and Au.1 9 The collective surface 

plasmon resonance of the particles is responsible for the efficient scattering of 

incident light. The characteristics of the scattering (i.e. magnitude, peak wavelength 

and the bandwidth of the plasmon resonance) are dependent on the particle's size, 

shape, composition, and local environment. 18 The formation of individual PRP's 

which scatter in different regions of the visible range of the spectrum, and their use 

as a convenient, non-radioactive probe in highly sensitive biological analysis has 

been reported. 1 8, 19 

The ability to tune the optical properties of a system by changing, for example, 

particle size and degree of aggregation holds potential for many practical 

applications. However, the ultimate usefulness of this concept· relies on the 

138 



development of improved techniques to prepare particles of a predetermined 

geometry and composition, and this requires a detailed understanding of the particle 

formation reaction. 

As was clearly demonstrated in the previous chapter, metal clusters can the generated 

electrochemically at the liquid I liquid interface when a metal ion present in one 

phase is reduced by a suitable electron donor in the opposite phase. It is essential that 

neither the metal ion nor the reducing agent transfer within the potential window so 

that the electron transfer reaction is truly heterogeneous. The nucleation and growth 

characteristics of this system have been studied using simple voltammetric and 

potential step techniques. However, since the optical properties of small metal 

particles are dependent on their size, interfacial nucleation and growth can 

conveniently be followed by non-invasive, in-situ optical techniques. The 

incorporation of in-situ spectroscopic techniques in traditional electrochemical 

experiments20-22 and at the ITIES23 has proven both a popular and effective means 

of monitoring solution phase reactions. It has previously been demonstrated that the 

growth of a metal film at the liquid I liquid interface can be followed by 

spectroscopic techniques usmg transmission UV -VIS spectroscopy24 and 

ellipsometry for Au.25 

The system investigated in the present study concerns the nucleation of Ag. This 

metal offers an ideal substrate for UV-visible spectroscopic investigation, since Ag 

particles absorb strongly in the visible region due to surface plasmon resonance.5 Its 

suitability was discussed in Chapter 5 (Section 5.3.4) and typical voltammetric and 

chronoamperometric responses for Ag nucleation were also given there. 

139 



It is expected that the use of in-situ optical techniques in combination with 

conventional electrochemical methods would supplement information obtained from 

electrochemical measurements on the preparation and behaviour of metallic particles 

at a polarised liquid I liquid interface. In the next chapter, the potential dependent 

adsorption of a charged metal colloid at the interface is studied. The results of these 

studies, in conjunction with the previously obtained electrochemical measurements, 

allow important conclusions to be drawn on the formation and behaviour of 

transition metals at the interface of two-phase liquid I liquid systems. 
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6.2. Experimental 

The aim of this section is to follow the nucleation and growth of silver particles at 

the interface between two immiscible solutions using in-situ, potential modulated 

UV-visible spectroscopy. A prerequisite for this type of study is that the wavelengths 

of the absorption maxima of the various species are sufficiently different. Table 6.1 

summarises information obtained from UV-visible spectroscopy of the species 

involved in the present study. The supporting electrolyte used for all previous 

experiments involving the nucleation of silver at the ITIES was tetraphenylarsonium 

tetrakis[ 4-chlorophenyl]borate (TPAsTPBCI). While the TPBCI anion was shown to 

be problematic when studying the nucleation of mercury (Section 5.3.1) since this 

anion acts as a reducing agent for the Hg22
+ ion, no such complications were seen for 

silver nucleation in any of the electrochemical experiments. However, voltammetric 

scans run simultaneously with spectroscopic measurements revealed that the system 

was unstable. Oscillations were observed at the positive edge of the potential window 

due to the irreversible transfer of supporting electrolyte. It has previously been 

reported that TPAsTPBCI is prone to photodecomposition,26 and Cheng reported a 

slight drift in the absorbance of the UV -visible absorption baseline using this 

anion.24 Voltammetry recorded using the anion tetrakis[pentafluorophenyl]borate 

(TPBFs) showed none of these complications. The available potential window was 

also extended by changing the cation from TPAs to bis[triphosphoranylidene] 

ammonium (BTPP A). 

For the above reasons, BTPPATPBFs was adopted as the supporting electrolyte for 

the remainder of the spectroscopic work on silver nucleation. 
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1mM BTFPACI 
Ag AgCl JOmMLiCl 

(aq) 

5 mM BTFPATPBFs 
5mM DCMFc 

(DCE) 

Cell 6 

O.5mM Ag 2S04 AgZS04 Ag 
30mM Na2S203 

(aq) 

Cell 6 was used for all potential modulated UV -visible spectroscopic studies of silver 

nucleation. Due to the low solubility of BTPP ACI, 10 mM LiCI was added to the 

aqueous reference phase to increase the conductivity of this solution. Commercially 

available SCE electrodes could not be used as reference electrodes for voltammetric 

experiments due to the dimensional constraints of the electrodes and of the cell used. 

Homemade Ag/ AgX wire electrodes were prepared as described in Chapter 3. A 

silver/silver chloride" reference electrode (Ag/ AgCI) was used in the organic 

reference phase when lithium chloride was present. However, the electrode could not 

be used in the aqueous phase as the presence of any trace of chloride would cause 

precipitation of silver chloride and therefore a silver/silver sulphate (Agi Ag2S04) 

was used instead. S04- was present in this phase as the counterion of the silver salt. 

The organic soluble electron donor was present in excess (5 : 1) to avoid diffusion 

control in the organic phase. 

Cyclic voltammetry and chronoamperometry had already been used to investigate the 

initial stages of electrodeposition of silver thiosulphate at the liquid-liquid interface 

(Section 5.3.4). Both techniques showed that the system exhibited nucleation 

characteristics similar to those observed at a metal electrode/electrolyte solution 

interface.27,28 A nucleation loop was observed in the voltammogramms and current 

~ 

maximum at short times was observed in potential step experiments. From this 

information, it was expected that the generation and dissolution of silver particles 

could be monitored as a change in the intensity of the collected light while varying 

142 



the potential of the system. Specifically, the presence of an absorption peak at ca. 

400 nm, corresponding to the plasmon band of colloidal silver4 was anticipated. The 

potential modulated behaviour of this band should yield information regarding the 

nucleation process. 

The experimental set-up and cell used for the potentially modulated UV-visible 

spectroscopic experiments was described in Chapter 3. It was important that the 

interface was both small and supported for these measurements. When using a cell 

with a large, unsupported interface it was possible to observe the movement of the 

interface as the potential was changed, leading to an unstable baseline. Two types of 

experiment were carried out, firstly a sinusoidally varying potential was applied to 

the system (Cell 6) and the intensity of the transmitted light recorded. Prior to 

potential scanning, the system was held at a potential negative of where nucleation 

occurs (~~~= -250 mY) for 30 seconds and sc~ed positively at a slow sweep rate 

of typically 5 mVs·1
• 

The second experiment was carried out in three steps. It involved the application of a 

potential step to pre-determined values and again recording the intensity of the 

collected light over long periods (up to 80 minutes). The interfacial potential was 

first held at a value negative to where any reaction takes place (~~ ~ = -250 m V) and 

held there to confirm that no nucleation occurs even after prolonged times. The 

potential was then stepped positively to a value where nucleation occurs (~~ ~ =+215 

mY) and the current-time transient was recorded. The potential was finally stepped 

back to a negative value (~~~=-250 mY) to determine whether it was possible re-
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oxidise the particles. This experiment considered the effect on the system of a large 

potential perturbation, while the previous experiment investigated the effect of small 

potential changes. Also, the combination of the two approaches enabled the system 

to be studied at both short and long times. In order to determine the degree of 

reversibility of the reaction, the effect of reversing the potential was considered in 

both experiments, directly after nucleation and growth had occurred. The reactions 

were monitored by recording the absorbance in single scans, for a wide range of 

wavelengths, at various time intervals during the reaction. For all experiments, a 

fresh interface, free of preferential nucleation sites was used. Identical experiments 

were run in the presence of each redox couple in tum so that conclusions could be 

drawn as to which spectral features were due to the base system and which were due 

to the nucleation reaction. 

The same experiments were carried out in the reflectance and scattering 

arrangements. Information concerning the size, size dispersion and concentration-of 

the resulting particles, was obtained. One other point of interest was to try to 

ascertain whether the particles remain at the interface or dissolve in one of the two 

phases. In the next chapter, chemically prepared, aqueous surfactant-stabilised, 

nanoparticles are studied in a two-phase system. 

Table 6.1 Wavelength of the maximum absorption (Amax) for complexes used in this 

study 

Complex Amax/nm 

Ag2S04 225 

Ag(S203)2- 230 

DCMFc 238 

DCMFc+ 778 
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6.2.1 UV -Visible Transmission Spectroscopy 

Experiments carried out in transmission mode allow changes in each phase as well as 

the interface itself to be studied. A schematic diagram of the experimental 

arrangement used is shown in Figure 6.2.1 . Perpendicularly incident light was used. 

It has been shown that the changing equilibrium concentrations of redox species due 

to heterogeneous electron transfer (RET) reactions in the two-phase liquid-liquid 

systems can be monitored by transmission UV -visible spectroscopy at different 

interfacial potentials.29 More recently this method has been used to monitor the 

interfacial formation and growth of Au particles.24 By this method, the concentration 

of the oxidised form of the redox organic couple could also be studied, assuming that 

the absorption maxima wavelengths for the oxidised and reduced forms are 

sufficiently well separated. 

Figure 6.2.1 Schematic representation of experimental arrangement for measurements made in the 

transmission mode, showing the relationship of the incident ( 0) and transmitted light (l) intensities to 

the interface under investigation (8, shown in red). The organic phase is shown in green and the 

aqueous phase in blue. 

The intensity of the transmitted beam (I) corresponds to the light intensity at each 

wavelength and was converted to absorbance (A) by the relationship: 

I 
A=log~ 

I 
(6.1) 
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where 10 is the incident light intensity or the signal detected pnor to any 

electrochemical process taking place. The normalised Absorbance was then plotted 

against the wavelength at various times of electrolysis. 

The presence of a plasmon absorption band at 400nm,1 was expected. It is important 

to remember, however, that the resonance spectrum strongly depends on particle size 

and shape. The presence of a sharp plasmon band can be expected only for a solution 

of particles of uniform sizes; agglomeration drastically broadens the plasmon band 

via dipole coupling.6,30 Also growing particles exhibit a characteristic behaviour of 

the plasmon band. As the average particle size increases the plasmon band shifts to 

longer wavelengths.24,31 ,32 

6.2.2. UV -Visible Reflectance Spectroscopy 

In contrast to the transmission absorbance method described previously, experiments 

carried out in total internal reflection mode consider only the properties of the 

interface (See Figure 6.2.2). 

Figure 6.2.2 Schematic representation of the experimental arrangement for measurements made in the 

reflectance mode, showing the relationship of the incident (1 0) and reflected light (I) intensities at the 

interface under investigation (8 red). The organic phase is shown in green and the aqueous phase in 

blue. 
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In this approach, the excitation beam is confmed to one phase and consequently, the 

changes in reflected light intensity are related to the growth of particles at the 

interface and/or to their transfer to the organic phase. Previous application of this 

technique were investigated by Kakiuchi who studied ion transfer kinetics by 

recording the fluorescence transient in a total internal reflection (TIR) 

arrangement.33,34 Using the same principle, Girault introduced differential cyclic 

volt-absorptometry (DeV), where changes in the absorbance in TIR mode are related 

to the faradaic current as a function of the applied potentia1.35-38 

6.2.3. UV -Visible Scattering Spectroscopy 

Experiments carried out in scattering mode allow the measurement of changes 

occurring only at the interface and in the organic solution to be considered. The 

experimental arrangement is shown in Figure 6.2.3. Perpendicularly incident light 

was used. 

Figure 6.2.3 Schematic representation of experimental arrangement for measurements made in the 

scattering mode, showing the relationship of the incident (10) and scattered light (1) intensities to the 

interface under investigation (8 red). The organic phase is shown in green and the aqueous phase in 

blue. 
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Experimental spectra for both scattering and reflectance mode measurements were 

plotted as difference spectra, in the form of M = 12 - I I , where Iz is the light 
I II 

intensity recorded for the sample and II that corresponding to the reference spectrum. 
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6.3. Results and Discussion 

Silver thiosulphate is reduced at positive potentials according to the following two

step reaction:39,40 

Ag(S203)~- ~ Ag(S2 0 3t + S20~

Ag(S20 3 t + e - ~ Ag + S20~-

(6.2) 

(6.3) 

Experiments in each of the three modes consider slightly different aspects of the 

system and a combination of all three should allow differentiation between changes 

that occur at the interface and in the solutions. For example, a decrease in the 

recorded signal at positive potentials with time is common to experiments in 

reflectance and scattering modes. This is likely to be due to the migration of particles 

into the aqueous phase on formation and not due to their dissolution since neither 

technique accesses the aqueous phase. The transmission signal due to silver particles 

at positive potentials, on the other hand, increases. This is because, in the 

transmission mode, despite migration of particles from the interface to the aqueous 

phase, they are still observable. 

Stability of the system upon application of potential and light is an essential 

prerequisite for this work. From blank potential scan measurements it is clear that no 

side reactions occur within the potential range. Potential step measurements showed 

this to be the case even after long times (up to 80 minutes) and in addition, it showed 

that no nucleation occurred- without the application of a suitable interfacial Galvani 

potential. The results obtained from these basic experiments together with 

observations from simple electrochemical measurements (i.e. that no nucleation 
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reaction occurs in the absence of the reducing agent) allow further important 

conclusions to be made. Firstly, the silver system is suitable for nucleation studies 

since it is free of spontaneous and adventitious reactions of the base electrolyte 

system and secondly, that the reaction observed in the presence of both redox 

couples is the HET between silver thiosulphate and DCMFc. 

A colour change in the organic phase from yellow to green was observed at long 

times along with the formation of a metallic grey precipitate at the interface while in 

absence of DCMFc, under otherwise identical experimental conditions, no such 

changes occurred. The transmission UV -visible spectrum of DCMFc + shows an 

absorption maximum at 778nm.41 However, this band is masked by the resonant 

light scattering of the incident light by the particles at longer wavelengths (as 

discussed later in this section). 

In the wavelength range 540-610 nm a spike in the spectra was sometimes recorded; 

this is an artefact of the spectrometer and not related to nucleation of Ag at the 

interface. A broad plasmon absorption band centred at 400nm, due to the presence of 

colloidal silver,4 was visible immediately after the application of a positive 

interfacial potential in both scan and step experiments. The effects on the absorbance 

of the plasmon signal of Ag observed at positive potentials are identical; while the 

position of the peak did not vary significantly with time or potential (Figure 6.1.1), 

the absorbance of the peak did vary (Figure 6.1.2). These observations are very 

-
important and can be interpreted in the following way. Since no red shift is observed 

in the plasmon band, it can be concluded that the average particle size does not 

increase as a function of time (or potential). It is most likely that adsorption of ions 
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(BTPPA+, TPBFs- or S20l-) from solution onto the particles' surface occurs, 

preventing growth and increasing the particles' solubility in the aqueous phase. For 

this reason, it is likely that the particles migrate into the aqueous phase, once formed. 

This was also suggested from the analysis of the results of the electrochemical 

measurements (Chapter 5). 

The absorbance due to the plasmon band varied throughout the scan and step 

experiments. The absorbance corresponds to the integrated charge in a potential step 

experiment and its value is linearly dependent on t1l2 (Figure 6.1.1) as expected for a 

diffusionally controlled process. Therefore, the nucleation process is limited by the 

diffusion of the Ag salt to the interface. These observations also suggest that as 

particles are formed, they diffuse into the aqueous phase and new particles of similar 

size and shape are formed at the interface. This plot could be used to estimate the 

total number of particles formed at a given time provided information on the 

scattering properties is available. 

The spectra shown in Figures 6.1.3-6.1.9 are unusual in that a "bipolar" band is 

observed. The absorbance at ca. 400 nm corresponds to the expected plasmon 

absorbance of Ag particles. 18, 19 The negative absorbance clearly indicates that 

actual emission of light is taking place in the wavelength range 500-700 nm. This is a 

very inte~esting observation and it is proposed that this is due to resonant light 

scattering of aggregated Ag particles. In the present case, plasmon excitation occurs 

efficiently as white light -is used as the excitation signal. This is particularly 

important when considering that the unfiltered output of the Xe-Hg lamp was 

employed. 
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Transmission and scattering are complementary modes and experimental results 

obtained from each should be considered in association with the other. The spectral 

response recorded in transmission mode is the result of the sum of two effects, 

absorbance of light and resonant light scattering. In the scattering mode only the' 

resonance light scattering effect was observable. Comparison of the two 

experimental modes allows the individual effects to be seen. Spectra recorded in the 

scattering mode (Figures 6.2.1 and 6.2.2) show an optical response in the 

wavelengths range 300-650 nm, due to the resonant light scattering by the aggregated 

particles. 

Spectra recorded in the reflectance mode (Figures 6.3.1 and 6.3.2) show a complex 

behaviour. It should be stressed that the results presented in this Figures correspond 

to the relative changes in light intensity of the reflected beam. A positive value of 

~I1I means that the reflected light intensity is greater than that of the incident beam. 

The experiments at longer times show a second signal, in the wavelength range 650-

750 nm, besides the signal observed at 400-480 nm. 

The resonant light scattering (RLS) by nanoparticles can account for these 

observations. RLS results from excitation of the particles plasmon band in the 400-

800 nm range. The low wavelength emission is related to spherical particles present 

at the boundary or within the depth of the evanescent field at the interface. The origin 

of the signal observed at longer wavelengths is the same but corresponds to the 

aggregated particles. The plasmon band of these particles is known to be red shifted. 
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Figure 6.2.2 shows that the re-oxidation and dissolution of the Ag aggregates formed 

is a very slow process. The reason for this is the absence of an electron acceptor in 

the organic phase and applying a water negative potential cannot result in an ET 

reaction. These results complement the lateral scattering experiments previously 

. discussed and reflect the same phenomena. The results presented in this chapter 

confirm the conclusions made in Chapter 5, regarding the formation of particles at 

the ITIES under potential control. 
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6.4. Conclusions 

Analysis of the spectroscopic response in combination with electrochemical results 

yields an unambiguous result- the application of a suitable interfacial Galvani 

potential leads to the nucleation of silver metal at the interface. Also it was clearly 

observed that the particles formed at the interface absorb and scatter the incident 

light. 

It is clear that Ag nucleation occurs via a complex and irreversible reaction, the 

irreversibility being due to the presence of the stabilising ligand that also increases 

the solubility of the particles in the aqueous phase. 
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Figure 6.1.1 Time dependence of the absorbance for potential step experiment to +215 mY. The 

concentrations refer to Cell 6. 
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Figure 6.1.2 Variations of wavelength of the Ag plasmon absorption band with time for a potential 

step to +215 mY. Experimental conditions as described in Cell 6. 
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Figure 6_1.3 The optical response resulting from the application of a potential scan to the system 

described in Cell 6_ The optical signal was recorded in transmission mode_ The signals were recorded 

on the forward scan at applied potentials of (a) - 250 (b) - 200 (c) - 150 (d) -100 (e) - 50 and (f) 0 mY_ 
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Figure 6.1.4 Optical response resulting from the application of a potential scan to the system described 

in Cell 6. The optical signal was recorded in transmission mode. The signals were recorded on the 

forward scan at applied potentials of (a) 50, (b) 100, (c) 150, (d) 200 and (e) 250 mY. 
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Figure 6. 1.5 Optical response resulting from the app lication of a potential scan to the system described 

in Cell 6. The optical signal was recorded in transmission mode. The signals were recorded on the 

reverse scan at applied potentials of (a) 50, (b) 0, (c) - 50 and (d) -100 mY. 

0 .03 

0 .02 

0 .01 

0 .00 

-0 .01 

« -0 .02 (d) 
(c) 

-0 .03 (b) 

-0 .04 (a) 

-0 .05 

-0 .06 

-0 .07 
200 300 400 500 600 700 800 

v/nm 

Figure 6. 1.6 Optical response resulting from the application of a potential scan to the system described 

in Cell 6. The optical signal was recorded in transmission mode. The signals were recorded on the 

reverse scan at applied potentials of (a) -200, (b) -250, (c) - 300 and (d) -350 mY. 
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Figure 6.1.7 Optical response resulting from the application of a potential of +2 15 m V to the system 

described in Cell 6. The optical signal was recorded in transmission mode. The signals were recorded 

at (a) 0, (b) 10, (c) 20, (d) 30, (e) 40 and (t) 50 minutes . 

0 ,03 

0 ,02 

0 ,01 

0 ,00 

·0 ,01 

« ·0 ,02 

·0 ,03 

·0 ,04 

·0 ,05 

·0 ,06 

·0 ,07 
200 300 400 500 

v/nm 
600 700 

(d) 
(e) 

(b) 

(a) 

800 

Figure 6.1.8 Optical response resulting from the application of a potential of - 250 mV to the system 

described in Cell 6. The optical signal was recorded in transmission mode. The signals were recorded 

at (a) 0, (b) 10, (c) 20, (d) 30, (e) 40 and (t) 50 minutes. 
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Figure 6.2. 1 Optical response resulting from the application ofa potential of +2 15 mV to the system 

described in Cell 6. The optical signal was recorded in scattering mode. The signals were recorded at 

(~) 0, (b) 5, (c) 10, (d) 15, (e) 20, (t) 25 and (g) 30 minutes. 
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Figure 6.2.2 Optical response resulting from the application of a potential of - 250 m V to the system 

described in Ce.I1 6. The optical signal was recorded in scattering mode. The signals were recorded at 

(a) 0, (b) 5, (c) 10, (d) 15, (e) 20, (t) 25 and (g) 30 minutes. 
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Figure 6.3.1 Optical response resulting from the application ofa potential of +215 mV to the system 

described in Cell 6. The optical signal was recorded in reflectance mode. The signals were recorded at 

(a) 0, (b) 5, (c) 10, (d) 15, (e) 20, (f) 25, (g) 30, (h) 35, and (i) 40 minutes. 

Figure 6.3.2 Optical response resulting from the application of a potential of - 250 mV to the system 

described in Cell 6. The optical signal was recorded in reflectance mode. The signals were recorded at 

(a) 0, (b) 5, (c) 10, (d) \5 , (e) 20 and (f) 25 minutes. 
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CHAPTER SEVEN . 

ELECTROCATAL YSIS 



7.1. Introduction 

Electrocatalysis (mediated electron transfer) 1 at the liquid I liquid interfaces involves 

modifying the rate of the heterogeneous charge transfer process, by the application of 

an interfacial Galvani potential difference, so that the selectivity, yield and efficiency 

of the reaction are maximised. A chemical reaction at the liquid I liquid interface is 

more favourable than that in the homogenous system when the reactant and product 

have greatly different resolvation energies. Appropriate choice of solvent further 

accelerates the reaction by altering the redox properties of the reacting species.2 The 

presence of the adsorbed species also facilitates the redox reaction between species 

in adjacent phases by reducing the distance between the redox species. 

Electrocatalysis in the two-phase system has been demonstrated for redox reactions 

catalysed by species that are absorbed at the interface.3-5 For the study of the 

reactivity of membrane-bound biological compounds the liquid I liquid interface 

offers one important advantage over the traditional metal electrode I electrolyte 

solution interface, in that the inherent mobility of the complex is not affected, 

whereas proteins irreversibly adsorbed onto bare metal electrodes are prone to 

denaturation. 6 

Transition metals and their complexes catalyse a wide variety of commercially 

important reactions and nanometer-sized catalysts not only act with increased 

. activity and selectivity, but also catalyse reactions that are not successful with 

supported metal clusters. It has previously been shown that metallic colloids can act 

as a catalyst in a two-phase dehalogenation reaction of an organic substrate.7 
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Monolayer protected clusters (MPC) consist of a nanometer sized core of metal 

atoms coated with a monolayer of ligand that passivates the particle against 

aggregation. The electrochemistry of these clusters has been extensively investigated 

and quantized capactatance charging has been widely observed for monodisperse 

solutions.8-12 Electrocatalysis experiments involving MPC's bound to redox active 

species has revealed that protected metal clusters can accept electron from a suitable 

electron donor13,14 and that these charged solutions are stable for several 

hours. 13 , 15 

Using well-established electrochemical techniques, charge transfer reactions at a 

liquid I liquid interface can be studied. The electrochemical generation of transition 

metal particles has been discussed in Chapters 5 and 6. Electrochemical 

measurements were carried out in order to examine the behaviour of transition metal 

particles at the ITIES. Capacitance measurements were made in order to determine 

whether or not the aqueous colloids are charged. The possibility of carrying out 

heterogenous electron transfer (RET) reactions in the two-phase system was also 

considered. 

Oxidation of the MPC prior to electrochemical measurements by electrolysis 13 and 

chemical16 methods is possible and electrochemical studies of these charged clusters 

in the two-phase system found ET to be slow due to the increased distance between 

the reacting centres. 12 
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7.2. Experimental 

7.2.1. Preparation of colloids 

Citrate stabilised colloids of Au, Pd, Pt and Ag were prepared by the classical, 

single-phase, Turkevich method with citrate acting as both reductant and stabilising 

agent. 17-19 PdCh, Na2PtCI4, Ag2S04, HAuCl4 and sodium citrate were used as the 

starting materials for the colloids. The exact mechanism of this synthesis is unclear, 

but the formation of particles results from the reduction of the metal ion by citrate 

and the particles are stabilised by excess citrate or reaction intermediates. Table 7.1 

summarises the concentrations of metal to reductant in each preparation. 

Table 7.1 Concentrations of metal and citrate used in the preparation of citrate 

stabilised particles. 

Metal [Metal] [Citrate] 

filM fmM 

Au 126.9 1.7 

Ag 129.9 1.7 

Pt 19.2 3.6 

Pd 211.0 22.7 
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7.2.2. Characterisation of colloids 

The particles were characterised using UV-visible spectroscopy. UV-visible spectra 

were recorded using a Hewlett Packard 8452A Diode array spectrophotometer with a 

450 nm by 125 mm quartz cell. The instrument parameters were set to an integration 

time of 10 seconds and a wavelength range of 200 to 820 nm. A background scan for 

the pure solvent (water) was run prior to each measurement. 

7.2.3.Capacitance measurements of colloids 

Ac voltammetry measurements were made usmg a homemade 4-electrode 

potentiostat, PPR1 waveform generator, and a Stanford SR830 lock-in amplifier. 

The internal waveform generator of the latter was used to generate the sinusoidal 

potential perturbation. Data acquisition was carried out using Lab View software. 

The pH of all citrate particle solutions was approximately 7; the addition of 

supporting electrolyte (5 mM) caused no appreciable change in the solution pH. 

1 mMBTPPACI 3mM:BTPPATPBFs 0 5 mM LiC! AgCl Ag 
Ag AgCI IOmMLiCI 

(aq) (DCE) (aq) 

Cell 7.1 
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7.2.4. Electrochemical charging of colloid 

The electrochemical cell 7.2 was used for liquid I liquid voltammetric experiments 

with the aqueous soluble colloid. Electrochemical experiments were carried out using 

an Autolab potentiostat (PGSTAT 20, Eco Chemie) in the four-electrode mode. A 

SCE and Pt coil were the aqueous reference and counter electrodes respectively 

while a Pt coil and SCE dipped in a 10 mM TP AsCI aqueous solution served as the 

organic counter and reference electrodes respectively. A schematic representation of 

the cell used for these experiments is given in Chapter 3. 

SCE IOmJIA TPAsCI IOmJIA TPAsTPBCI 

(aq) 
O.3mJIA DCMFc 

(DCE) 

Cell 7.2 

5 mJIA LiCI 
colloid 

(aq) 

SCE 
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7.3. Results and Discussion 

7.3.1. Preparation of colloids 

The colloids were used in the voltammetric, charging and catalytic experiments as

prepared. Figure 7.1.1 shows a comparison between the absorbance spectra of the 

starting materials and the colloidal solution for the Au preparation. The characteristic 

plasmon absorbance band is observed. 

The solutions were stable in the timescale of the experiment. However, particle 

aggregation was detected in the presence of a high concentration of ionic salt (e.g. 

LiCl). There was a striking colour change, from red to purplelblue, associated with 

this reaction for the Au colloid. Figure 7.1.2 shows the effect of particle aggregation 

on the UV -visible spectrum of the Au citrate colloid when the pH was increased 

from 7.8 to 12.2. The plasmon absorption band for spherical particles at 520 nm can 

still be observed but the aggregated cylindrical particles exhibit a band at 715 nm.1 5 

The particles were found to be stable in a 5 mM Liel solution. 

7.3.2. Characterisation of colloids 

The UV -visible spectra of the colloidal solutions (Figures 7.1.1-7.1.5) were in good 

agreement with those obtained previously.17-20 The absorbance spectra of the Pt 

particles (Figures 7.1.3) exhibit no spectral peaks in the wavelength range 200 to 800 

nm, where the absorbance increases as the wavelength decreases. The dependence of 

the absorbance, A, on wavelength, A, is a useful indication of particle size.21 Based 
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upon the calculations made by Furlong19 for Pt, the average particle size was 

estimated from a plot of -d(logA)/d (log\)) (Figure 7 .1.4) for the Pt particles. It can be 

seen that the slope (S) is approximately constant in the spectral range 250-800 nm . 

. For Pt particles, it has been estimated that the value of S decreases with increasing 

particle size and the presence of even a small fraction of larger particles results in a 

decrease in S.19 A slope (S) of 1.9 corresponds to an average particle size of 2-8 

nm. 19 

The plasmon band of the Ag particles (Figure 7.1.5) is quite broad indicating a large 

size distribution. The shoulder that can be seen at approximately 350 nm probably 

corresponds to a smaller particle size. 

The parameters obtained from absorbance spectra are summarised in Table 7.2. 

Table 7.2 Values for the maximum plasmon absorption (Amax) for citrate stabilised particles and the 

theoretical particle radii (rav) based upon the experimental conditions used. 

Metal ray Colour Amax 

/nm /nm 
\ 

Au 20 wine/red 540 

Pt 2-8 clear <200 

Pd 15 yellow 240 

Ag - grey 380 
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7.3.3. Capacitance measurements of colloids 

The interfacial capacitance between the metal colloidal solutions and a solution of 

the organic supporting electrolyte salt (BTPPATPBFs) in 1,2-DCE was measured in 

an attempt to characterise the interfacial properties of these colloids. As described in 

Chapter 2, in the region where no transfer of the supporting electrolyte occurs, the 

differential capacitance can be calculated from the admittance using an equivalent 

circuit composed of a resistance (uncompensated iR drop, R) and a capacitance 

(interfacial capacitance, C) in series. 

The purpose of these experiments was to determine the changes to interfacial 

properties that could result from the presence of metal nanoparticles at the water-l,2-

DCE interface. In particular, it was of interest to determine whether the large 

negative charge carried by the colloidal solution would result in a strong asymmetry 

in the capacitance curves due to metal cluster adsorption at water negative potentials. 

It was hoped that these experiments would be correlated with the electrocatalytic 

properties of these systems. 

Figures 7.2.1(a)-(d) show the potential dependence of the interfacial capacitance of 

the colloidal metal solutions investigated in contact with 3 mM BTPPATPBFs in 1,2-

DCE. As described in Chapter 2, the limits of the polarisation window result from 

transfer of the ionic components of the supporting electrolyte across the interface. In 

. the case of the base system; when the Galvani potential difference is made more 

- negative, the transfer of BTPP A + (or cr or citrate in the opposite direction) from the 

organic to the aqueous phase occurs, while at the positive limit TPBFs- (or Li+ or 

171 



Na+) will transfer from water to organic phase. In the presence of the colloids, it was 

anticipated that specific adsorption of the colloid at the interface, would occur at 

water negative potentials. At negative potentials, in the presence of the Au and Ag 

colloids, a lower capacitance was observed as compared with the base system. For 

the Pd and Pt colloids, the opposite effect was observed. 

The main difference in the capacitance behaviour in the presence of the four metals is 

the position of the capacitance minimum. In the absence of the colloid, the 

capacitance minimum is located at 380 mY. Addition of Au or Ag colloids to the 

system resulted in the potential of the minimum being shifted to a more negative 

potential. Again, the Pd and Pt colloids show the opposite effect. The origin of the 

shift is unclear, however for three of the metals considered (Au, Pt and Pd), it 

follows the variation in electronegativies of the metal atom (Table 7.2). If this were 

to reflect the order of specific adsorption of a negatively charged species, the order 

would be Ag<Au<Pt<Pd. Since TEM images of the preparations were not obtained 

at the time of the experiment, we can only speculate on the possible origin of this 

behaviour. Since a strong dependence of the capacitance mimima on base electrolyte 

concentration exists, in the absence of any specific absorption,22 this shift alone 

cannot be assumed to indicate the adsorption of colloid at the interface. Also since no 

asymmetry in the C/!J. w o(f) dependence is in evidence, it must be concluded that the 

citrate stabilised particles do not approach the interfacial region to the point where 

coagulation can occur. Considering the hydrophilic nature of citrate, and the fact that 

the hydration energy of the colloid must be very negative, this is not unexpected. In 

consequence, penetration of the interfacial mixed solvent layer23 is strongly 

inhibited and the charged colloidal particle is always present in the aqueous side of 
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the interface. This is also borne out by the observed irreversibility of ET to the metal 

core from the electron donor in the organic phase (see Section 7.3.4). 

From the experimental results, it is unlikely that specific adsorption does occur, as a 

large deviation in the capacitance behaviour was not observed.24 Furthermore, the 

formation of a monolayer of metal nanoparticles would result in a sudden increase in 

capacitance, as the interface would behave as two metal-solution interfaces which is 

not observed for any of the metal colloids investigated. 

There are two major contributions to the Gibbs Energy of adsorption of species at the 

ITIES, electrostatic and non-electrostatic contributions. The potential of the 

capacitance minimum reflects the potential of zero charge of the interface. Also, the 

strong hydration of the particle would result in its approach to the interface being 

strongly inhibited. These two effects rule out specific electrostatic contributions to 

explain the different capacitance curves obtained. 

It can be concluded that the main polar interaction that can be considered is due to 

the polarisability of the nanoparticles. The metallic cores have a classical 

polarisability (a) given by:25 

(7. 1) 

where R is the core radius. Equation 7.1 regards the metallic core as having a density 

. of electrons equal to that of a bulk metal. This is observed for particles of radius 

- greater than 2 nm26 which is the case here. 
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Thus it would be expected that charge induced dipole and dispersion forces27would 

determine the Gibbs energy of interaction of the metal particles and the organic 

phase. The position of the minimum observed in Figures 7.2.l(a) -{d) will be 

determined by the size distribution In a particular preparation. Although a 

quantitative description cannot be given at present, the particles effect on the 

capacitance curves is interesting and warrants further study, the ideas discussed 

should serve as a guideline for understanding the structure of the interface. 

Table 7.1 Table of Minimum in the capacitance curve (Emin) and Electonegativies on 

the Pauling scale (E) of the metals. 

Colloid Emin/mV E 

Ag 300 1.93 

Pd 420 2.20 

Pt 390 2.28 

Au 350 2.54 

7.3.4. Electrochemical charging of colloid 

The colloids considered were those of the aqueous soluble, citrate stabilised Au and 

Pd particles. The colloids were used as-prepared and no size separation was carried 

out. The voltammetric response of an aqueous colloid in contact with an electron 

donor in the organic phase was studied by cyclic voltarnmetry using Cell 7.2. Prior to 

performing an electrochemical measurement, the aqueous particle colloid and the 

.. 1,2-DCE solution containing the electron donor were contacted in the absence of an 

-applied potential for prolonged periods to determine the stabilities of the systems 
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under investigation. In all cases there was no evidence of either spontaneous reaction 

or decomposition. 

For each of the colloids studied, an irreversible response was obtained as the 

potential of the aqueous phase was swept to more positive values (Figures 7.3.1 and 

7.3.2). This response was detected only when the electron donor, DCMFc, and the 

colloid were both present in the cell; in the absence of either, the response followed 

the baseline. The peak current is linearly dependent on the square root of the sweep 

rate and the peak potential shifts to more positive values with increasing sweep rate. 

A representative plot is shown for Au in Figure 7.3.3. 

The colloids were used as prepared, hence the possibility that residual metal salt was 

present in the solutions had to be considered. Citrate was present in excess in each of 

the preparations (see Table 7.1) and it is expected that complete reduction of the 

metal ion occurred in each case. This was confirmed by several observations. Firstly, 

the electrochemical response would be more complex if a significant concentration 

of metal ion were left in the solution. The characteristic behaviour of these Au, Pd, 

Ag and Pt salts at the ITIES was described in Chapter 5. The Au, Pt and Ag salts 

undergo ion transfer (IT) from the aqueous to the organic phase within the potential 

window and this behaviour was not observed for the particle solutions. Four

electrode voltammetry for AuCI4-, and AuCI4- Isodium citrate solutions each show 

the characteristic ion transfer waves, i.e. citrate does not prevent transfer of the ion 

by forming a hydrophilic complex with AuCI4-' This behaviour was not observed for 

Au citrate. Secondly, in the case of the Pd salt a visible reaction occurred between 

the salt and DCMFc when the two phases were placed in contact but no reaction was 
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detected for a solution of the Pd colloid. Also, the concentration of DCMFc used 

with the colloid studies were lower than those required to cause nucleation (typically 

0.3 and 5 mM respectively see Chapter 5). Thirdly, the polarisation curve for the 

metal ions at a Pt micro electrode show obvious reduction, but the voltammogram of 

the colloid followed the baseline scan. Representative results are shown in Figure 

7.3.4 for Au. Finally, a comparison of the UV-visible spectra of the starting material 

and of the colloid is a good indication of the degree of reaction. UV -visible spectra 

of the colloids showed no evidence of the presence of starting material. This is 

illustrated for Au in Figure 7.1.1. 

Thus, it can be concluded, that the colloidal solutions did not contain significant 

amounts of unreacted starting materials and therefore, the electrochemical response 

observed with the 4-electrode system is not due to trace contamination by the metal 

complexes. 

The possibility that the voltammetric response was due to redox reactions with the 

stabilising agent/reductant was also considered. Voltammetry scans were run under 

identical conditions with citrate instead of the colloidal metal solutions. At the 

ITIES, the addition of citrate produced a slight increase in capacitance over the 

baseline but no reduction process associated with this anion was observed. In 

addition, the fact that a similar voltammetric response was observed using a Pd 

colloid stabilised by the ligand sodium sulfanilate (P-H2NC6H4S03Na) in the same 

two-phase system28 confirms that the response is characteristic of the colloid and not 

the stabilising ligand. 
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From a comparison of Figures 7.3.1 and 7.3.2 it can be seen that the response for 

both systems was very similar. The occurrence of an irreversible reaction is common 

to all the particles investigated, indicating that the behaviour is characteristic of the 

particles and not of the particular metal. One possibility is that the voltammetric 

behaviour corresponds to an electrocatalytic process, for example that the particles 

act as nanoelectrodes at the interface catalysing either the reduction of dissolved 

oxygen or the hydrogen evolution reaction. In order to ascertain the origin of the 

observed voltammetric wave, the concentration of the re~cting species was calculated 

from the dependence of the peak current on the sweep rate according to the Randles-

Sevcik equation 

(7.2) 

If the reacting species are the particles this concentration can be estimated from 

Equation 7.1 provided that the diffusion coefficient is known. An estimate of the 

diffusion coefficient for the Au particles can be obtained from the Stokes-Einstein 

Equation.27,29 

kT 
(7.3) r =--

67t11D 

where k is the Boltzmann constant, T the absolute temperature, 11 the viscosity of 

water (0.89 mPa s at 25 °C),30 and r is the particle radius. From equation (7.2), for a 

particle of 20 nm radius the diffusion coefficient in water at 25°C is 0.25 x 10-6 cm2 

S-I. From the results in Figure 7.3.2 djp/d(y-ll2) is 8.71 x 10-5 cm-2V-1I2s1/2 and the 

equivalent concentration for a one ET reaction is 6.48 x 10-4 M. This calculation 

shows that the ET reaction must involve a number of electrons much greater than one 

since the molar concentration of particles was very small compared with the original 
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concentration of Au(Ill). The main conclusion of these experiments is that a multi

electron transfer reaction takes place. 

The possibility that the voltammetric waves observed were due to oxygen reduction 

catalysed by the particles was further investigated by comparing voltammetric 

experiments of air and oxygen saturated solutions. Oxygen saturation should result in 

a five-fold increase in peak current. The results are shown in Figure 7.3.5. These 

show a slight increase in current upon saturation with oxygen clearly showing 02 is 

not responsible for the voltammetric wave. Experiments carried out in deoxygenated 

solutions also showed an irreversible response at positive potentials. 

In conclusion, it is proposed that the responses observed in Figures 7.3.1 and 7.3.2 

are the result of the heterogeneous charging of the aqueous colloid, which is 

adsorbed at the interface, with electrons from DCMFc. This reaction can be 

described as follows: 

Mads (aq)+DCMFc (org) ~ M-(aq) + DCMFc+ (7.4) 

where Mads is the citrate stabilised metal colloidal particle adsorbed at the interface. 

The ET reaction is facilitated by the ability of the uncharged particles to approach the 

interface, since the distance of closest approach between the reacting species is 

reduced. 

The ET reaction observed at positive potentials appears to be irreversible even at low 

scan rates. This irreversibility is likely to be related to the charge on the particle. The 

strong negative charge carried by the colloidal particles results in their repulsion 

from the interface at positive potentials and in consequence, a decrease of the 
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transfer coefficient. As discussed in Chapter 4, ET occurs via tunnelling of the 

electron between states in the electrode (or in this case, an electron donor in the 

organic phase) and those in the reactant. The rate of electron tunnelling decreases 

exponentially with increasing distance as follows. 

(7. 5) 

where kO is the standard rate constants for the heterogeneous electron transfer (BET) 

reaction at the distance x from the electrode surface; Xo is the distance of closest 

approach and the meaning of P has been discussed in Chapter 4. The overall negative 

charge on the particle makes its approach to the interface unfavourable at water 

positive potentials, where ET from the organic phase to the particles occurs. This is 

because a charge exclusion zone is created in the vicinity of the interface at positive 

potentials. Both the particle and the reducing agent are separated from the interface 

by a large distance, due to their respective hydrophilic and hydrophobic natures. In 

other words, the ET reaction is largely irreversible due to the large distance 

separating the two redox centres. This is probably the main factor determining the 

low rate constant value observed for the ET. The probability of ET occurring to the 

charged particle is even lower, since the net negative charge on the particle is 

increased with the initial ET, which results in a further increase in the distance 

between the two redox couples. 

At higher sweep rates however, a peak due to the de-charging of the particles, was 

observed at negative potentials. In this case the reaction occurs before the particles 

diffuse from the interface. 
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A recent SECM investigation of the interfacial charge transfer between a 

monodisperse solution of charged MCP's and a redox couple in the adjacent phase 

also found the reaction to be extremely slow. 12 This worker noted that the ET 

reaction at the !TIES was dependent on the charge of the colloid, while the reaction 

at the metal electrode I electrolytic solution did not depend on core charge. 

The results obtained here support the suggestion that the metallic colloidal particles 

could be used as an electro-mediator in a two-phase redox reaction by virtue of their 

ability to store charge. Figure 7.1 shows a schematic representation of the 

generalised interfacial reaction mechanism involved in an electrocatalytic reaction. 

The use of the stored charge on the particles to initiate ET process in the adjacent 

phase was previously considered.7,31 

(aq) 

(or&) 

Figure 7.1 Schematic representation of use of aqueous soluble transition metal particles as an electro

mediators in a two phase redox reaction. 0 and R represent the oxidised and reduced forms of the 

redox couple; (aq) and (org) refer to the immiscible water and organic phases respectively and cr is the 

interface between the two phases. 

These results show that colloidal particles are capable of acting in a manner that is 

analogous to a simple redox couple, in the two-phase system. The results are 

supported by suggestions made previously. Lahtinen32 suggested that Pd colloids 
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became negatively charged in the two-phase system and in a separate work31 that Pd 

particles electro generated at the ITIES act as electron transfer (ET) mediators for 

reactions in the water phase. Interestingly this author also noted that the stored 

charge is stable for several hours.32 
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7.4. Conclusions 

It has been shown that the particles are capable of undergoing a multiple electron 

transfer step with an electron donor in the adjacent phase, when a suitable interfacial 

potential is applied across the ITIES. In the present work, it was found that the 

voltammetric response of the two metals (Pd and Au) was similar. The particles act 

as tiny capacitors capable of giving and receiving electrons. In this sense citrate 

stabilised colloidal particles may be seen as a suitable substrate for heterogeneous 

catalysis or electrocatalytic processes. From capacitance measurements, it was 

determined that specific adsorption of the colloids at the ITIES does not occur. Due 

to the large distance between the redox centres at the ITIES the charging appears 

irreversible. The capacitance behaviour of the colloids at the ITIES showed 

interesting features, however, without further investigation it is not possible to 

determine the exact meaning of this behaviour. 
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Figure 7,1 , I UV-visible spectra for (a) AuCI4- and (b) Au citrate stabi lised particles, 
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Figure 7,1.2 UV-visible spectra showing the effect of pH on Au citrate stabilised particles (a) 7,8- and 

(b) 12.2, 
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Figure 7.1.3 UV-visible spectrum for Pd citrate colloid solution. 
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Figure 7_ 1-4 UV -visible spectrum of Pt citrate stabilised particles, inset double logarithmic plot used 

to estimate size distribution of particles. 
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Figure 7.1 .5 UV-visible spectrum of Ag citrate stabilised particles 
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Figure 7.2.(a) Differential capacitance potential curves for a solution of citrate stabilised Au 

nanoparticles. (a) baseline (b) Au colloid. 
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Figure 7.2.(b) Differential capacitance potential curves for a solution of citrate stabilised Ag 

nanoparticles. (a) baseline (b) Ag colloid. 
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Figure 7.2.(c) Differential capacitance potential curves for a solution of citrate stabi lised Pd 

nanoparticJes. (a) baseline (b) Pd colloid. 
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Figure 7.2.Cd) Differential capacitance potential curves for a solution of citrate 

stabilised Pt nanoparticles. (a) baseline (b) Pt colloid. 
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Figure 7.3.1 Charging ofPd citrate particles with DCMFc at increasing scan rates of 

(a) 10, (b) 40 (c) 90 and (b) 160 mV S-I. 
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Figure 7.32 Charging of Au citrate particles with DCMFc at increasing scan rates of 

(a) 10, 20, 40, 60, 90 and (b) 160 mV sol. The direction of the scan is marked by an 

arrow. 
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Figure 7.3 .3 Dependence of maximum peak current density (Jmax) on the sweep rate 

for charging of Au citrate particles with DCMFc. Conditions as in Figure 7.3 2 . 
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Figure 7.3.4 Polarisation curve for (a) Au citrate derivitised particles and (b) 0.5 mM 

AuC14-at a Pt microe1ectrode/electrolyte interface at a sweep rate of 50 m V sol. 
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Figure 7.3.5 Charging of Au citrate particles with DCMFc at a scan rate of 40 mV s-

" (a) Under atmospheric conditions and (b) after saturating the solutions with O2. all 

other conditions as in Figure 7.3.2. 
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CHAPTER EIGHT 

CONCLUSIONS 



8.1. Conclusions 

Only a limited number of electron transfer systems have been investigated at the 

interface between two immiscible solutions (lTIES). Three Ru(II) based redox 

couples soluble in the organic phase were proposed for this purpose. Using 

electrochemical techniques, it was found that these complexes were suitable for this 

purpose. Simple, quasi-reversible, heterogeneous ET was observed between these 

complexes and the hexacyanoferrate couple in the aqueous phase, the rate of which 

was much slower than at the metal electrode-electrolyte interface. This is related to 

the increased distance between the redox species at the ITIES. Kinetic and 

thermodynamic parameters were related to the degree of accessibility of the redox 

centre. 

Metal clusters were prepared at the ITIES via a heterogeneous electron transfer 

reaction. The nucleation and growth of transition metal clusters was investigated 

using both electrochemical and spectroelectrochemical techniques. It was shown that, 

with careful choice of the experimental conditions, the potential controlled 

deposition of Hg, Au, Pt and Ag clusters at the interface is possible. The potential 

step and voltammetric responses obtained show behaviour characteristic of 

nucleation at a solid electrode. Thus, a model derived for nucleation at a solid 

electrode was applied to Ag and Pt nucleation at the ITIES in order to determine 

particle size. The dimensions of the particles deposited are in the nanometer size 

range. The presence of a passivating ligand in the case of Ag nucleation caused its 

low reaction rate. 
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The nucleation of Ag nanoclusters at the ITIES was followed usmg m situ 

spectroelectrochemical techniques and it was found that these nanoclusters absorb 

and scatter incident light strongly in the visible region of the spectrum. 

The behaviour of these clusters at the ITIES was examined using electrochemical 

techniques. It was shown that metal nanoclusters are capable of undergoing a 

multiple electron transfer step with an electron donor in the adjacent phase, when a 

suitable interfacial potential is applied across the interface between two immiscible 

solutions. The particles act as tiny capacitors capable of giving and receiving 

electrons. In this sense citrate stabilised colloidal particles may be seen as a suitable 

substrate for heterog~neous catalysis or electrocatalytic processes. From capacitance 

measurements, it was determined that specific adsorption of the colloids at the ITIES 

does not occur. Due to the large distance between the redox centres at the ITIES the 

charging appears irreversible. 
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