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ABSTRACT

Electrochemical studies have been performed on some novel lithium salt complexes in

polyether media, propylene carbonate and poly(methyl methacrylate) gels. The

electrochemical performances of these electrolytes containing added ligands were

assessed with particular attention given to their applicability to modern lithium

rechargeable battery systems.

Conductivity data was obtained for complexes of lithium hexafluorophosphate in non¬

aqueous polyether media and propylene carbonate over a wide range of concentration

(10~'" M to 1M) and analysed using the Fuoss-Kraus, Fuoss (1978) and Casteel-Amis

methods. The electrolyte parameters, namely molar conductivity at infinite dilution,

dissociation constants for ion-pairs and triple-ions, and maximum specific

conductivities, have been obtained. These parameters, particularly at low salt

concentration, have been interpreted in terms of ion-ion interactions.

Kinetics and mechanisms for the electrodeposition of lithium from non-aqueous

solvents and gel media were studied using chronoamperometric, cyclic voltammetric

and chronopotentiometric methods at a microelectrode. Nucleation and crystal

growth models have been proposed for each electrolyte. Exchange current densities,

coulombic stripping efficiencies and lithium corrosion rates were evaluated.
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CHAPTER ONE

Introduction

1.1. Electrochemical Power Sources

Batteries are electrochemical storage devices which, on application of an external

load, can convert the energy produced from a chemical reaction into electricity. A

battery generally consists of an outer case, current collectors to transport the current

from the electrode material, positive and negative electrodes separated by an

electronically insulating material and an ion conducting electrolyte. Every cell reaction

involves an oxidation and reduction process. During discharge, oxidation takes place

at the negative electrode, and reduction at the positive.

There are essentially three main cell categories from which a power source may be

identified [1], A primary cell is one in which the cell reactants are irreversibly

consumed during a single discharge, thus ending its useful life. Fuel cells [2-5] are

essentially batteries where the reactants are stored externally, and supplied on a

continuous basis. A fuel, such as methane gas, undergoes oxidation by a series of half

reactions resulting in the conversion of chemical energy into electrical energy. Two

major markets are seen for fuel cells: vehicle propulsion and power plants for

stationary electrical requirements. A secondary cell is capable of being recharged

after its reactants have been used and may thus be regarded as a device for storing

electrical energy. This type of cell is an attractive prospect when considering the fact
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that a new primary battery can be >1000 times more expensive than the cost of

recharging using the mains electrical supply.

1.2. Lithium Batteries: An Overview

1.2.1. Introduction

The rate of technological advance over the last three decades has necessitated the

manufacture of portable lightweight power sources with high energy density [6], In

particular, the miniaturisation of electronic devices in recent years has demanded

novel approaches to battery design.

Lithium is an extremely attractive metal for use in electrochemical power sources due

to its light weight and highly electropositive nature, providing high power and energy

density. Lithium metal is highly reactive with both inorganic and organic materials

giving rise to the possibility of decomposition of both the electrolyte and solvent.

Reaction products are generally deposited on the Li surface as passivating films [6-

12] inhibiting Li corrosion and thus increasing the battery's shelf-life.

1.2.2. Primary Lithium Cells

In the last thirty years, developments of primary lithium power sources [6, 13] have

occurred in parallel with those of the electronics industry, following initial research on

liquid organic electrolytes for alkali batteries pre-1960. In the late 1960's, commercial
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cells based on the Li/copper oxide system were introduced, while research began into

the Li/SOCl2 and Li/S02 cells. Devices requiring only low discharge rates for their

operation, such as watches and calculators, have been using long life primary Li cells

for many years now (among them Li/CuO, Li/Mn02 and Li/FeS2).

In a primary cell, the lithium is consumed during discharge, and at the end of its useful

discharge life there will be no Li metal remaining, ie. the cell is designed to be

lithium-limited.

1.2.3. Secondary Lithium Cells

Many modern devices, such as video cameras, portable computers and electric

vehicles, require high rate discharge power sources. Although there are well

established primary high rate discharge cells (eg. Li/S02) [6, 14, 15], it is more

economical to use a rechargeable, or secondary, Li battery [16-18], The success of

primary lithium battery systems during the last decade has encouraged the

development of the rechargeable lithium battery [6, 13, 20-22] for new applications.

Some applications require high voltage power sources from a number of series-

connected cells. A built-in mechanism to prevent overcharge of individual cells and

oxidative degradation of the electrolyte is required. One method uses an external

electronic circuit which prevents the cell voltage from increasing beyond the anodic

oxidative limit of the electrolyte (eg. +4.2V vs. Li/Li"). Another involves the use of a

redox shuttle [23] in which an additive remains inactive until a charge cut-off voltage

3



is reached, at which point it is oxidised at the positive electrode to products which

diffuse to the negative electrode and are then either electrochemically reduced or

reacted with lithium to regenerate the starting material. This cycle maintains the cell

potential at the oxidation potential of the redox reagent until the charging process is

terminated. The redox material would ideally have the following properties: be highly

soluble in the electrolyte and have an oxidation potential lower than that of the

electrolyte but higher than the usual charge limit of the cell; the ability to reduce its

oxidised form at the negative electrode without side reactions, and chemical stability

in the cell of both the oxidised and reduced forms of the shuttle reagent.

During overdischarge, the negative electrode is at a potential lower than that of the

positive electrode except under voltage reversal conditions, so the redox shuttle

method cannot be employed. A small amount of a reversible material with a lower

discharge potential than that of the cathode material can be incorporated into the

positive electrode, or inclusion of a material which can act as a form of chemical

diode, shutting the cell down if the potential drops below a specific value.

1.3. Positive Electrode Materials

The discharge and charge processes of most of the active cathode materials involve

the extraction of lithium from a host matrix and insertion of lithium to a host matrix,

respectively. Recently, transition metal oxides, such as Cr^O?, C0O2 and MnC>2, have

proved to be attractive positive electrode materials, allowing efficient lithium
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insertion/extraction reversibility with high discharge potentials of ca. 3.0 - 4.0 V

versus Li/Li", fulfilling a requirement for high energy density batteries.

A common cathode material among the transition metal oxides is Mn02 which has

previously been used in primary lithium cells. Extraction of lithium from this cathode

material for rechargeable batteries requires a modification to the crystal structure of

Mn02 [24, 25], The crystal structure of this modified Mn02 has been identified as a

mixture of y-/3-Mn02 and Li2MnC>3.

Cathode materials possessing higher discharge potentials, in order to manufacture a

lithium battery with much higher energy density, have been investigated more

recently. The cobalt oxide (Co02), for example, has a discharge potential of >4.0V

vs. Li/Lf. The discharge voltage is higher than those ofMn02, V20:, and other oxides

[26], The LixMn204 (spinel) has also been investigated by many groups, showing high

discharge potentials sufficient for high energy density capabilities. A new preparation

by Huang and Bruce [27], has since shown superior cycling properties to that of the

conventional spinel.

1.4. Negative Electrode Materials

In a secondary cell, where lithium is used as the negative electrode, Li must be

replated during charging, some of which will become passivated and thus

electrochemically isolated. Dendritic growth of Li metal, rather than a smooth

deposit, often occurs during the plating process [6, 13]: this depends on many factors
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and in particular on current density. Figure 1-1 shows a scanning electron micrograph

of a lithium electrode surface morphology after charging in a propylene carbonate

solution containing 1.0 mol dnr LiBF4.

Figure 1-1 Scanning electron micrograph of lithium electrodeposited from

propylene carbonate containing 1.0 mol dm" LiBF4 at 1.0 mAcm"2.

The formation of dendritic deposits may lead to internal short circuits between the

electrodes which disappear during discharge. These so-called soft-shorts are capable

of passing high currents causing significant local heating and eventual melting of the

separator and electrolyte decomposition. If the separator melts, catastrophic cell

failure may result. Even if the separator does not melt, the heat generated may

decompose the electrolyte exothermically [28],

Passivation of the lithium electrode and dendritic Li growth leads to a decrease in the

cycling efficiency. The practical rechargeable lithium battery requires a very high

cycling efficiency (>99%) if it is to last several hundred cycles. Using a material with

6



lower Li activity for the negative electrode than Li metal reduces the risk of

passivation and inhibits reaction with the electrolyte.

There are generally two classes of alternative materials capable of accepting and

exchanging large quantities of lithium ions, comprising Li insertion compounds and Li

alloys. They must satisfy the following criteria:

♦ low weight;

♦ small free energy change upon Li insertion;

♦ high rates of diffusion of Li" in the solid structure of the anode;

♦ high reversibility of Li insertion;

♦ good electronic conductivity;

♦ thermal and chemical stability with the electrolyte;

♦ ease of manufacture and processing.

Some of the materials under study include the Li insertion compounds LixFe20:,,

LixWC>2 and graphitic carbon, and alloys such as j3-LiAl, LiCdPb, LiAJMn [29-32]

and composites such as Li/Li3N and LixPb-poly(paraphenylene) [29], The carbon

electrodes insert Li into its layered structure according to eqn. 1-1:

yLi + 6C *• LiyC6 1-1
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where 0 < y <1 depending upon the carbon used. Dahn et al [33] showed successful

intercalation of two lithiums per six carbons (Li2C6) during the first cycle and one

reversibly on successive cycles.

Batteries with no metallic lithium are termed Li-ion or rocking-chair batteries. The Li

ions essentially rock between the intercalation compounds during charge/discharge

cycles (Figure 1-2), providing a safer approach to the lithium rechargeable battery.

Positive
Lii.xMn204

CHARGE Negative
LlyCg

DISCHARGE

Figure 1-2 The charge and discharge mechanism for a Li-ion battery where

both the cathode and anode are intercalation compounds.
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The cell voltage is determined by the difference between the electrochemical potential

of Li in the two intercalating electrodes.

1.5. Electrolytes

Lithium batteries may be fabricated using a range of lithium salts. The anion is chosen

with consideration of the stability toward oxidation at the positive electrode, stability

toward reduction at the negative electrode, solubility and dissociation tendency in the

solvent. Solubility is an important factor, since high salt concentrations may be

required to produce solutions of sufficient conductivity to maintain a cell at low

internal cell resistance. The most widely used salts are LiClCL, LiPF6, LiBF4, LiAsF6

and LiCF;,SO:,. Ideally, the Li salt would be stable to reductive reaction with lithium,

compatible with the chosen solvent and not decompose when heated to 180°C.

Purification of salts for use in lithium batteries is a matter of concern. Water is often

present in a salt, and once introduced into the electrolyte solution it can react with the

Li anode. LiPF6 does not have either the toxicity problems of LiAsF6 or the safety

problems associated with LiClCL, however, it does suffer from poor thermal stability

in its pure form, decomposing to PF5 and LiF. The decomposition products can cause

polymerisation of electrolytes of some commonly used non-aqueous solvents,

resulting in cell failure. This is evidenced by the fact that no manufacturer of lithium

cells use this highly conducting salt in their batteries.
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Novel complexes of LiPF6, incorporating ether-oxygen or nitrogen coordinating

ligands, have been prepared [34, 35] by the Associated Octel Company Ltd. The

object of their preparative process is to provide a LiPF6 electrolyte with a very low

water content which does not use LiPF6 as a starting material, and thus would not

contain the impurities resulting from the decomposition of the unstable salt.

1.6. Solvent Systems

1.6.1. Non-aqueous

The solvents of interest in lithium battery systems must be aprotic. That is, there must

be no labile or active hydrogen atoms since they will react with lithium to evolve

hydrogen gas [6], The main protic impurity in non-aqueous solvents is water which

must be removed, leaving no more than trace levels. During charging the electrode

potential can exceed +4V versus Li/Lf, a region where most non-aqueous solvents

undergo oxidative decomposition [6] (Appendix 1). Organic esters such as ethylene

carbonate and propylene carbonate are generally more stable than ether solvents. If

gaseous products are formed at any time within a sealed battery, the pressure build-up

will result in catastrophic failure.

As mentioned in section 1.5, the conductivity of the electrolyte solution must be

sufficiently high. Consequently, the solvent must be capable of dissolving the chosen

lithium salt to high concentration (>0.5 mol dm0). The conductivity of a salt generally

passes through a maximum on increasing salt concentration. This latter decrease in

10



conductivity has been interpreted [36] as a decrease in the ionic mobility due to

increasing solution viscosity and the association of mobile ions to non-conducting

ion-pairs. Optimum performance for practical lithium batteries can be obtained by

using a mixed solvent system, containing a low viscosity solvent and a high

permittivity solvent. Mixed solvent systems recently studied include 1,2-

dimethoxyethane (DME) with propylene carbonate (PC) [37, 38] and DME/PC with

tetrahydrofuran (THF) [37],

1.6.2. Polymer

Polymer electrolytes are ionically conducting phases formed by the dissolution of salts

into suitable coordinating polymers [39], An example of such a system is a Li salt

complex of poly(ethylene oxide), PEO [40], Figure 1-3 shows the helical structure of

PEO where the ether oxygens coordinate to the Li". The anions and hydrogens have

been removed for clarity.

Extensive research into the development of rechargeable lithium batteries is ongoing

due to the advantages they offer in comparison with conventional liquid systems. For

example, polymer electrolytes can be manufactured into thin films with large surface

areas giving high power levels (>100 W dm"J). Construction of all solid-state batteries

can proceed in a variety of configurations, and be incorporated into devices such as

cellular telephones, and thin smart credit cards.
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Figure 1-3 A Lf coordinated by ether oxygens of a poly(ethylene oxide)

chain. The hydrogen atoms and anions have been removed for

clarity. Each Li+ is capable of further coordination by the anions.
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Inter-cell leakage and self-discharge, associated with liquid electrolytes, are not

encountered and the significant reduction in weight is realised as high energy and

power densities.

The process by which net ionic motion takes place in polymer electrolytes is different

from that in low molecular weight solvent-based systems, since long-range

displacement of the solvent is not observed. Ionic transport occurs via local relaxation

processes in the polymer chains which may provide liquid-like degrees of freedom

[41]. Intra- and interpolymer transitions between ion coordinating sites, and

segmental motion of the chains are believed to play a major role in the ion conduction

mechanism. The polymer has similar macroscopic properties as a solid, due to chain

entanglements or cross-linking.

High conductivity at ambient temperatures is of prime importance for any electrolyte

system, but since the polymer electrolyte also acts as the separator between the

cathode and anode, it must also possess good dimensional stability. The low ambient

temperature conductivities of polymer electrolytes (ca. 10"8-10"9 Scm"1) is largely the

result of the low mobility of ions. Conductivities of the order of 10"" Scm"1,

comparable with those of organic liquid electrolytes, are sought. However, it has been

estimated that a conductivity of about 10"4 Scm"1 at room temperature is the limit of

conventional polymer electrolytes [42],
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1.6.3. Gel

Non-conventional polymer electrolytes with conductivities of >10"" Scm"1 at room

temperature can be obtained by immobilising high dielectric solvents containing

lithium salts in a solid polymer matrix [43-47], Examples of these gel electrolytes

include a Li salt dissolved in propylene carbonate, incorporated into polyacrylonitrile

(PAN) or poly(methyl methacrylate), (PMMA). Conductivities of some gel

electrolytes (No. 1-5) are compared with conventional polymer electrolytes (No. 6) in

Table 1-1. The PAN based electrolytes have two to six orders of magnitude higher

conductivity than the long chain polymers such as PEO.

Table 1-1 Conductivities of PAN based polymer electrolytes compared to

conventional PEO based electrolytes at 20°C. Taken from ref.[21].

Number ELECTROLYTES

Ionic Conductivity
Scm"1

1 21 m% PAN/ 38 EC/ 33 PC/ 8 m% LiC104 1.7 x 10"3

2 21 m% PAN/ 41 EC/ 35 PC/ 3 m% LiPF6 1.4 x 10"3

3 21 m% PAN/ 38 EC/ 33 PC/ 8 m% LiAsF6 2 x 10"3

4 21 m% PAN/ 40 EC/ 34 PC/ 5 m% LiCF3S03 2 x 10"3

5 21 m% PAN/ 41 EC/ 35 PC/ 3 m% LiN(S02 CF3)2 2 x 10"3

6 PEO / (LiC104)o.,3 3.9 x 10"9

m% represents mole percent
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1.7. Aims of the Thesis

The novel Li salt complexes, containing either diglyme or pentamethyl diethylene-

triamine, aim to show improved electrochemical performance in comparison with the

"pure" salt. The work presented here focuses on a few of the aspects mentioned in the

previous sections and attempts to assess the applicability of the complexes to real

battery systems. The following areas of research have been investigated in polyether,

propylene carbonate and poly(methyl methacrylate) gel media:

♦ Ionic conductivities, providing information on relative power outputs of each

electrolyte and the effects of the ligands on ion association;

♦ Kinetics of the Li/Li- couple at a Ni electrode/electrolyte interface;

♦ Mechanisms for the nucleation and growth of lithium metal centres at a Ni

electrode surface during the plating process;

♦ Lithium cycling efficiencies by potentiostatic and galvanostatic methods;

♦ Electrochemical stabilities of ligands and solvents;

♦ Computer modelling of ion association in media of high and low permittivity.
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CHAPTER TWO

Electrochemical Theory and Methodologies

2.1. Electrode Processes

An electrode reaction is a heterogeneous process involving transfer of electrons to or

from a surface. The electrode reaction may involve oxidation of a species by the loss

of electrons to the electrode or reduction of a species by gain of electrons from the

electrode. For example,

Fe2 ► Fe"~ + e oxidation

Fe"" + e ► Fe2" reduction

Electrode reactions are extremely diverse since the electroactive species can be

organic or inorganic, neutral or charged, the solvent itself, films formed on the

electrode surface, or even the electrode material.

2.1.1. Electron Transfer

Consider the simple electrode reaction which takes place at an inert surface:

O + ne R 2-1
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where the two species, O and R, are completely stable and soluble in the solvent

medium which generally contains an excess of an electroinactive electrolyte. A

minimum of three steps occur:

mass transport
f^bulk ► f^electrode 2-2

f-^electrode
electron transfer

^ •^electrode 2-3

■^electrode mass transport Rbulk 2-4

and the rate of reduction, and hence cathodic current, is determined by the rate of the

slowest step. The electron transfer may consist of a number of steps, particularly if

n>l.

The equilibrium potential of the electrode is given by the Nemst equation .

Ee=Ee+~ ln^ 2-5
Cr

where Ee is the equilibrium potential, Ee the standard potential of the couple O/R,

and co and c% are the surface concentrations of O and R, respectively. From eqn. 2-5,

it is seen that the standard potential is equal to the equilibrium potential when the

surface concentrations of O and R are equal.
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While no net current is flowing and there is no overall chemical change at the

electrode, the rate of reduction of O and the oxidation of R in the dynamic

equilibrium at the surface of the electrode will be equal. Thus,

- / = / = /o 2-6

where I0 is defined as the exchange current density, I and / are the partial current

densities for the forward and reverse reactions, respectively. The negative sign

reflects the IUPAC convention [1] that a cathodic current is negative and anodic

current is positive.

At any non-equilibrium potential, the measured current density is given by

The partial current densities are dependent on their individual rate constants and the

concentration of the electroactive species at the electrode surface, such that

The rate constants are usually found to vary with the applied electrode potential E

according to the equations [2]:

1 = 1+1 2-7

I = -nF k Co and 7 = nF 1c caR 2-8
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7 7 f ctcnPk = £0expj RT

and k - ^Qexp|a^^ ffj 2-9

where ac and aA are the electron transfer coefficients for the anodic and cathodic

processes, respectively. k0 is the rate constant for the anodic or cathodic reactions at

—^ i—

0 V versus the reference electrode, where ko = ~ko- For a simple process aA +(Xc=1-

The overpotential, rj, is defined as the deviation of the potential E at the working

electrode (the electrode at which the reaction of interest is occurring) from the

equilibrium value Ee such that

E = r\+Ee 2-10

Substituting eqns. 2-8 and 2-9 into eqn. 2-7 gives

/ = nFk0exp
ccA"f{ri + Ee)

RT
CR

-nFkoex-P
ac nF{j] + Ee)

RT
Co 2-11

Using eqn. 2-6, the exchange current density at equilibrium is:
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nT (CCA^Ee] a/„ = nFko exp ——— CR
V F1

= nF £0exp
ac nF Ee

RT
Co 2-12

Rearranging eqn. 2-11 using the expression exp(x) exp(y) = exp(x+y), then upon

inserting of eqn. 2-12 the empirical Butler-Volmer equation [3] is obtained:

/ = 7o<exp
aAnF

RT
n

(
- exp

ac"F
RT

2-13

This shows how the current density varies with exchange current density,

overpotential and the transfer coefficients. Although eqn. 2-13 is a general

expression, it is more practical to use a limiting form.

2.1.2. Very Low Overpotentials

At very low values of overpotential, where
RT RT A

» rj« the
ocAnF ac"F

exponential terms of eqn. 2-13 can be expanded as a series. The quadratic and higher

order terms are negligible so that the Butler-Volmer equation reduces to

/ = 2-141 RT RT
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Since aA + &c =/, eqn. 2-14 can be reduced further to give

(nF ^-/ol RTn 2-15

2.1.3. High Overpotentials: The Tafel Equations

At high positive overpotentials the rate of the anodic reaction |/| is much greater than

the rate of the cathodic reaction |/|, and the second term in the Butler-Volmer

equation may be ignored. The anodic current density can then be given by

KP = ln(/o)+[S^n] 2-16

Conversely, at high negative overpotentials the rate of the cathodic reaction 1/1 is

much greater than the rate of the anodic reaction I/I, and the cathodic current density

is given by

In(-/) = ln(/0)- OLCnP
RT

V 2-17

These limiting forms of the Butler Volmer equation at high overpotentials are known

as the Tafel equations and provide a method for determining the exchange current

density and transfer coefficients. A plot of ln(/) versus q for a simple system is of the

general form shown in Figure 2-1. At large overpotentials the Tafel equations are

25



valid, revealing straight lines. The transfer coefficients may then be obtained from the

gradients of the plot in the cathodic and anodic regions. Extrapolation of these linear

regions back to the equilibrium potential yields the exchange current density.

Cathodic Anodic

Figure 2-1 Experimental determination of the kinetic constants, Iq and a, using

the Tafel equations.

The exchange current density, however, varies with the concentrations of O and R at

the surface of the electrode. Through manipulation of eqns. 2-5 and 2-12, the
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standard rate constant for the electron transfer at the standard potential, is defined

as

k9 = — 2-18

nF(cZ)a\ci)ac

which is independent of O and R. The I-E characteristic is now specified completely

by ke and a transfer coefficient.

2.2. Mass Transport

In electrochemical systems there are essentially three modes of transport to consider

[2], Diffusion is the natural movement of species through solution down a

concentration (or more correctly, activity) gradient, without the effects of the electric

field. Movement of charged species, due to a potential field, is termed migration and

is the method by which charge passes through an electrolyte. Mechanical forces

acting on the solution, such as stirring, are all forms of forced convection.

2.2.1. Diffusion Control

Since diffusion is independent of the electric field, the transported species can be

charged or neutral. The rate of diffusion depends on the concentration gradients

defined by Pick'sfirst law. This states that the rate of diffusion, or flux, of a species i

through a plane parallel to the electrode surface is given by
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J,=-D,Fl 2-19
dx

where J; is the flux of the species /', £), the diffusion coefficient and dc/dx the

concentration gradient in direction x towards a planar surface.

2.2.2. Diffusion to a Planar Electrode

Fick's first law can be used to relate the current density to the chemical change at the

electrode surface, x = 0, by equating the flux of species O and R with the flux of

electrons, such that

nF D°
rdC0^

dx

or

nF
= Dr

rd-\_cr
dx /.r=0

2-20

If a system initially containing O but no R is stepped from the equilibrium potential,

Ee, to a potential well negative, the surface concentration of O will change from co

to a small value as determined by the Nernst equation (eqn. 2-5). Diffusion then takes

place to minimise the differences in concentration, resulting in the relaxation of the

concentration profiles towards their steady state. Figure 2-2 shows how the

concentration profiles for the species O and R develop with time.
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Figure 2-2 Concentration profiles for the potential step experiment initially

with 0 but no R at a potential where the process is diffusion

controlled.

The change in concentration with time is given by Fick's second law,

3c'=dM 2-21
dt d X

which must be solved to obtain the complete form of the transient using the relevant

boundary conditions describing the particular potential step experiment, ie.

at t = 0, co- Co for all x (no electrode reaction)

at t > 0, Co-c°d at x = co (bulk solution)

cq = 0 at x = 0 (limiting diffusion current)

Applying the Laplace transform [2] to eqn. 2-21, with respect to /, leads to
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2-22

This expression is known as the Cottrell equation [4] and is the exact form of the I-t

transient, assuming linear diffusion to a planar electrode surface. Figure 2-3 shows

the shape of the transient described by eqn. 2-22.

3»

t

Figure 2-3 Variation of current with time according to the Cottrell equation.

2.2.3. Microelectrodes

At a spherical electrode of radius r0, the relevant diffusion equation is

/I

-/

2-23

with boundary conditions:
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at / = 0,

at t > 0,

r>r0

r — oc

r = r0

Co - Co

co = co

cao = 0

(no electrode reaction)

(bulk solution)

(limiting diffusion current)

Applying the same method of solution as for eqn. 2-22, we obtain

I(t) = nF Dl'2^° + nFDco 2-24
(7zt) ro

This is the Cottrell equation plus a spherical correction term. At short times the

spherical contribution is negligible (eqn. 2-24 then reduces to eqn. 2-22) and diffusion

to a sphere can be treated as linear diffusion. At long times the spherical term

becomes dominant leading to a time-independent steady-state current. Due to the

effects of natural convection the steady-state is never reached at conventional sized

electrodes, but the smaller the electrode radius, the more easily and faster the steady-

state is achieved.

The limiting diffusion current for spherical and hemispherical microelectrodes follows

directly from eqn. 2-24. Thus, after a certain time depending on the electrode size, a

steady-state is reached, and the current density is given by

„rn 00

/ = — = 2miF r0Dcd = 2nFdD c5 2-25
ro
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where d is defined as the surface length, equal to 2tw0. In general for microelectrodes,

the current density is sufficiently high, due to the high rate of diffusion, that

interference from natural, or even forced, convection is negligible.

For a micro-disc electrode, the effects of radial diffusion must be considered due to

the non-uniform accessibility of the surface. The relevant equation is

which does not have an exact solution. Numerical analysis, however, shows that at

long times the current is equal to that of a hemisphere of radius a = Tirjl, such that

where the d is once again the surface length, equal to 2a. Here, the current density is

the same as that of the hemispherical electrode. This, and the similarity between eqns.

2-23 and 2-26, indicates that the simpler model of the hemisphere can be applied to

the more easily manufactured disc, without significant error.

2.3. Electrodeposition

The electrodeposition of a metal involves several steps [2], The first step involves

mass transport, ie. the movement of the ionic species from the bulk solution to the

2-26

/ = 4nFaD co = 2nFdDco 2-27



electrode. This involves movement of the metal ion through the solvent medium and

is therefore affected by a number of factors including the solution viscosity, the

nature of the solvation sheath surrounding the ion and temperature. Charge transfer

from the electrode to the ion then takes place, altering its solvation environment such

that there is partial or complete loss of the solvation sheath, forming an ad-atom. It is

known that small centres with a high surface area to volume ratio are

thermodynamically unstable [5] and will tend to dissolve back into solution. An ad-

atom must diffuse across the surface to an energetically favourable site, followed by

clustering of other atoms of the electrodeposit to form the stable nucleus of a new

phase. A schematic of this process is shown in Fig. 2-4. This process is more

favourable when a large overpotential is applied which provides a large concentration

of adsorbed metal ions.

mC ion
bulk diffusion\

(T} electron v. I surface 00, growth
^ transfer y ) diffusion

t ad-atom cluster growth centre

Figure 2-4 Schematic representation of the electrocrystallisation process of a

metal on a foreign substrate.

The continued growth of nuclei of electrodepositing metals or electrochemically

formed oxides can only take place by a faradaic process and the observed current is
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therefore an exact measure of the combined rate of nucleation and growth of the

mature nuclei or crystallites. A variety of current-potential-time responses can be

explored and any particular experiment can be repeated to give the mean values and

statistical variance of the results. Analysis of the current transients over both short

and long periods can yield information on the kinetics and the form of the nucleation

and growth.

2.2.1. Nucleation and Growth ofMonolayers

The growth of metals on inert substrates such as carbon and the formation of anodic

films, for example during corrosion, involve the formation of a new phase as the

initial step. In general, the growth of the deposit involves disc-shaped centres one

atom or one molecule thick. These growth centres expand to form a monolayer

across the surface of the electrode. Successive monolayer formation can occur by the

nucleation of new growth centres on the freshly formed surface.

growth centi
ad-atom

Figure 2-5 Incorporation of ad-atoms at the periphery of the expanding 2-D

growth centre.
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This process is referred to as two-dimensional electrocrystallisation. A detailed

theoretical description of the current transients was given by Fleischmann and Thirsk

[5].

2.3.2. Nucleation and Growth of Three-Dimensional Centres

The electrocrystallisation of a new phase on a foreign substrate often involves the

nucleation and growth of three-dimensional centres which grow not only parallel to

the surface, as with monolayer formation, but also perpendicular to the surface. The

shapes of such growth centres are more complex, but by assuming them to be based

on simple geometries expressions for the current transient may be found.

2.3.2.1. Diffusion Controlled Growth

The principal nature of the current transient is the rising section corresponding to the

growth of the electroactive area either as each nucleus grows and/or the number of

new nuclei increases. When the number of active sites on the surface of the substrate

is not large and thereby limits the total number of nuclei, the steady-state rate of

nucleation is described by the relation [5, 6]

2-28
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where N is the number of nuclei, t is the time and A is the steady-state nucleation rate

constant per site, discussed elsewhere [6] and known to be a function of

overpotential, solution composition and substrate surface free energy.

At high values ofA or t it can be seen that dN/dt —> 0 and that N approaches N_, the

maximum number of nuclei obtainable under the imposed conditions. A, may be

thought of as the total number of available sites at the electrode surface. But, as will

be shown, the final number of nuclei is more often controlled by other factors, in

particular by the effect of overlapping diffusion zones.

The charge transfer rate for most metal deposition reactions is sufficiently high for

the continued growth of established or mature nuclei to be mass transport controlled.

Under conditions of mass transport control the current density for a fixed number of

nuclei, N, growing by a hemispherical diffusive flux is [7]

2_29
p

where iF is molar charge of the depositing species, D is its diffusion coefficient, c its

concentration in mol cm"3, M its relative molar mass and p its density. Crystallite

morphologies other than hemispherical have been observed [5], but because the

depletion zones around growing crystallites advance radially more rapidly than the

perimeters of the crystallites themselves, the mass transfer flux assumes hemispherical

properties. The depletion zones are also referred to as diffusion zones of diffusion
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fields. In previous treatments of multiple nucleation, the assumption has been made

that nuclei grow independently of each other, and that well before the current

maximum, the total current could be identified with the sum of individual currents.

However, microscopic observation and current studies [8, 9] of the electrode surface

indicate a significant difference between the rate of growth of N crystallites and that

predicted by the independent growth model.

The overlap of neighbouring depletion zones is responsible for the current maxima

observed in diffusion controlled systems. Scharifker, et al [8, 9] considered a set of

hemispherical nuclei randomly distributed on the electrode surface and growing under

diffusion control. A hemispherical diffusion zone develops from each and grows

outwards at a radial velocity such that its radius <5 is given by

5(f) = (kDt)1'2 2-30

where k is a numerical constant determined by the conditions of the experiment. At

short times, the current will be given by eqn. 2-29 but as the radii of the diffusion

zones grow and begin to overlap, replacement of material in the planes close to the

electrode surface becomes restricted and eventually the only source of depositing

material is that reaching the electrode perpendicularly, as shown in Figure 2-4. The

corresponding diffusive flux and growth current can then be expressed in terms of

semi-infinite linear diffusion to that fraction of the electrode within the circular

perimeter of the growing diffusion zone. The planar area of a single diffusion zone at

time t can be expressed as
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S(t) = k <52 (/) = nkDt 2-31

If immediately following time t = 0,N centres were instantaneously nucleated per unit

area, then at a later time t

Q„ = NitkDt 2-32

where 0^ is the fraction of the area covered by diffusion zones assuming that none

overlap. However, because the nuclei are randomly distributed on the electrode

surface there will be overlap and the actual fraction of area covered, 0, can be related

to 0exby the A vrami theorem [10], ie.

0 = l-exp(-0«) 2-33

so that from eqn. 2-32

0 = 1- exp(-NtdcDt) 2-34

and the radial flux density of electroactive material through the boundaries of the

diffusion zones will be given by the equivalent planar diffusive flux to an electrode of

fractional area 6.
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Figure 2-4 Schematic representation of the growth of the diffusion zones and

their eventual overlap. The arrows indicate the directions of the

diffiisional field during the growth of the nuclei.

Conservation of mass requires that the amount of material entering into the diffusion

zones is equal to the amount incorporated into the growing nuclei. The current

density to the electrode surface is therefore

0

T zFDU2c6 zFD1'2c f ( ^1 =
\/2.1/2 = 1/2 a/2 I1 - exP{-NnkDt)) 2-35

K l K t

At very short times NnkDt « 1 and {l - exp(-NnkDt)}= NnkDt. Thus, as Nt —> 0

eqn. 2-35 becomes

/ = zF D312 n2 cNk txn- 2-36
iV(->0
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which is identical to the current flowing to N isolated hemispherical nuclei [7],

Comparing eqn. 2-36 with the expression defining the sum of currents flowing to

individual nuclei, we see that k is defined as

. f 87tcM)y2k = 2-37
V P

By a similar working, if nucleation is progressive then N(t)=ANj and

2-38

and k' is evaluated by taking the limit ANJ —> 0 and comparing it again with the

independent model, where the current density varies with f'2. For progressive

nucleation, k' is then defined as

The equations 2-35 and 2-38 describe the extended current transient for 3D

instantaneous and progressive nucleation followed by dififusional controlled growth,

respectively. Simulated current transients are shown in Fig. 2-5 (a) and (b). In each

case the current passes through a maximum before approaching the limiting diffusion

current to a planar electrode.

/ \1/2
,, 4 [ 87zcM \k=—

3l P
2-39
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Figure 2-5 3D diffusion controlled growth following (a) instantaneous

nucleation and (b) progressive nucleation.

A typical set of experimental current transients is shown in Fig. 2-6, closely

resembling the curves predicted by the theoretical expressions of Scharifker.

Figure 2-6 I-t response for the electrodeposition of mercury onto vitreous

carbon from Hg2(NC>3)2 solution at varying overpotentials indicated

in mV. From ref. [9],

-//mA cm'2
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2.3.2.1. Kinetic Controlled Growth

If a right-circular cone can be taken as an example of a 3-D centre, then growth

parallel to the surface takes place with a rate constant k3, and that perpendicular to

the surface with rate constant k3The total current into the growing cone is obtained

by integration of the individual contributions of a stack of discs which build the cone.

When a number of discrete growing centres interact, their overlap must be taken into

account, and the expressions representing the current transient are given as [2, 5]

i L

k3'

substrate

Figure 2-7 Growth of a three-dimensional centre: the right circular cone.

2-40

for instantaneous nucleation, and

2-41
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for progressive nucleation. The general behaviour of the transients can be seen in Fig.

2-8. At short times the exponential terms are small such that the rising current

densities vary with r and T, respectively. At long times a plateau approaching nFk/

is reached in each case, since thickening of the layer is restricted to growth

perpendicular to the electrode surface.

Figure 2-8 3-D kinetic controlled growth following (a) instantaneous

nucleation and (b) progressive nucleation.

Other geometries have been considered using a similar approach by Abyaneh [11],

Bosco & Rangarajan [12] and Abyaneh & Fleischmann [13],

2.4. Cyclic Voltammetry

Cyclic voltammetry is a very powerful technique for the probing of electroactive

species, and is particularly useful in the initial studies of a new system. Many

experiments can be carried out within a few minutes, and the results are presented in

a form which can rapidly be analysed in a qualitative manner. Quantitative analysis
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can also be performed, yielding kinetic parameters. The theory and practice of cyclic

voltammetry is described extensively in the literature [2, 14],

The E-t waveform used in cyclic voltammetry is shown in Figure 2-9. The potential

of the working electrode, controlled against the reference electrode, is swept from a

starting potential Ei to a second potential at E2.

A:
Es

Figure 2-9 A possible potential-time profile used in cyclic voltammetry.

On reaching E2 the sweep is reversed and the electrochemical characteristics of the

products and/or intermediates of the forward sweep are then probed. When the

potential returns to Et, the sweep may be either terminated, continued on to a

potential, E2, or reversed again. Single or multiple cycles can be performed at varying

scan rates, while the current is monitored as a function of potential
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2.4.1. Reversible Reactions

A reversible reaction is one where the rate of charge transfer is fast relative to the

rate of mass transport, and both the O and R are stable. A typical cyclic

voltammogram (CV) for a reversible process is shown in Fig. 2-10, where 0 and R

are soluble species. The ratio of surface concentrations of O and R is given by the

Nernst equation, and hence as the potential is swept cathodically the surface

concentration of reactant must decrease, and the concentration gradient then

increases. It is expected from eqn. 2-20 (section 2.2.2) that an increase in cathodic

current follows. Due to the relaxation effect of diffusion, the concentration gradient

now begins to decrease resulting in a corresponding decrease in current.

On reversing the sweep, the product R continues to be formed until the potential

reaches the charge transfer equilibrium and begins to reoxidise back to O, with a

corresponding anodic current flowing. The magnitude of the current increases, as

before, until the surface concentration of R is depleted and the current becomes

diffusion controlled. Solution of Fick's second law for species O and R, with the

relevant experimental boundary conditions, reveals the exact form of the CV for a

reversible process. The Randles-Sevcik equation [15-17] shows that under planar

diffusion control, the peak current density is

/ J = 0.4463«F
( nF V
\RT j

1/2

cT DV1 v1/2 2-42
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where Ip is the peak current for either the cathodic or anodic process and v is the

sweep rate. Thus, it is evident that a plot of Ip against v1/2 should be linear and pass

through the origin for such a reversible process.

EA^p

Figure 2-10 Typical cyclic voltammogram for a reversible process, for the

reaction O + e -* R. Initially there is only O present in

solution before sweeping cathodically
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Table 2-1 Diagnostic tests for cyclic voltammograms of reversible processes

at 25°C.

L A — Ecp = 59 / n mV

2- \Ep~Ep/^ = 59/n mV

3 YMb1
4. /p oc v

;/2

5. Ep is independent of v

6. at potentials beyond Ep, V2 oc t

2.4.2. Irreversible Reactions

In the case of an irreversible process, the rate of charge transfer is insufficient to

maintain Nernstian equilibrium at the surface. At low potential sweep rates the rate of

charge transfer may be fast relative to mass transport and a reversible CV is

observed. As the sweep rate is increased, the rate of mass transport increases and

becomes comparable with charge transfer rate, resulting in peak separation.

The solution to Fick's second law for the peak current density of a totally irreversible

system [17] is given by

|/p| = 0.282 ^2 n (cccnaf2 co Do2 v1/2 2-43I r\
(JIT)
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where nx is the number of electrons transferred up to, and including, the rate

determining step. The peak current density is therefore a function of the square root

of the sweep rate, as in the reversible case. A reverse peak is absent in such a system,

although lack of anodic wave may also be due to a fast following chemical reaction.

In the reversible case Ep is independent of sweep rate, but for the irreversible case

Nicholson & Shain [17] have shown that Ep varies with the sweep rate according to:

r ^ 23RT ,

Ep = K-- logv
zcccna

2-44

where

K = El-
RT

cccnaF

0
0.78 —log

2

f \

acnaFD

v (k9fRT

Thus, as the sweep rate increases, the cathodic peak shifts to more negative

potentials.

Table 2-2 Diagnostic tests for totally irreversible processes at 25°C.

1. No reverse peak

2. Icp oc v//2

3. Ecp shifts -30/occn mV for each decade increase in v

4- \Ep-Epn\ = 4*/(Xcn mV
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2.4.3. The EC Reaction

An ec reaction implies an electron transfer process followed by a chemical step. The

electron transfer may be reversible, quasi-reversible or irreversible and the chemical

step may be reversible or irreversible and of first or higher order. Such a scheme is

described by equations 2-45 and 2-46.

O + ne R 2-45

R - Y 2-46

When the electron transfer is totally irreversible the chemical step will have no effect

on the shape of the voltammogram. However, when the charge transfer process is

reversible, the effect of the chemical reaction will be most noticeable on the reverse

sweep where R is oxidised. If the rate of the chemical reaction is fast, R is rapidly

removed from near the electrode and at low sweep rates no anodic peak will be

observed. As the sweep rate is increased, a reverse peak becomes apparent, until at

high enough rates the voltammogram assumes reversible behaviour. The chemical

reaction has the effect of shifting the cathodic peak potential positive of the value

obtained for the reversible electron transfer reaction.

All other combinations of electrochemical reaction followed by a chemical step have

been treated by Nadjo & Saveant [18] and Nicholson & Shain [17],
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Table 2-3 Diagnostic tests for ec processes.

\l'HICp\ 's 'ess than one but tends to unity as v is increased

2- Icp/v1/2 decreases slightly with increasing v

3. Ecp is positive of the value for the reversible case

4. Ecp shifts negatively with increasing v, and in the pure kinetic region shifts

by 30In mV per 10 fold increase in v (this changes to 19//? mV for a second

order reaction)

2.4.4. Phase Formation

A characteristic CV for the plating and stripping of a metal M at an electrode is of the

form shown in figure 2-11. On sweeping cathodically (a) from the equilibrium

potential, Ee, almost zero current flows until a potential has been applied sufficient

for nucleation to take place. The formation of these nuclei requires a potential more

negative than that required to reduce AF cations. Upon reaching this nucleation

overpotential, the magnitude of the current increases as deposition occurs (b).

Deposition continues (c) on the reverse sweep at the surface of freshly deposited M,

generally following Butler-Volmer kinetics (Appendix 3), and the magnitude of the

current in this region is therefore greater than that of the forward sweep. As the

potential is swept positive of Ee, oxidation of M takes place and the current rises

rapidly (d) until available deposit is depleted. If the plating and stripping processes

are the only reactions occurring at the electrode, then the charge passed on the

forward and reverse sweeps must be equal. That is, all the metal ions reduced on the
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forward scan to form the deposit are re-oxidised on the reverse scan back into

solution. The plating and stripping process at many metal surfaces is often more

complex than the ideal system described above, involving underpotential deposition

[19, 20] (so-called due to the formation of reduced metal at the electrode surface at

positive potentials ofEe), and alloy formation [21].

M AT + e

Figure 2-11 Plating and stripping of a metal M at an inert electrode.

Surface films, composed of trace impurities and electrolyte breakdown products

[22], can be formed anodically of the equilibrium potential, and evidence suggests

that the same film forming reactions also occur under open-circuit conditions.

Possible mechanisms include the reaction ofAT ions with oxygen and water to form
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insoluble salts. Underpotential deposition of the metal in non-aqueous media may

result from the reduction of an existing surface film rather than the reduction ofKf in

solution in the presence of surface films. The films resulting from such electrode

reactions are important in that they modify the electrode surface for the metal

deposition process.

2.5. A.C. Impedance Spectroscopy

This technique involves the application of a small amplitude, sinusoidal voltage across

the cell while monitoring the sinusoidal current passed as a result of the perturbation.

There are, in general, two parameters which represent the current response. The first

is a measure of the opposition of the flow of charge (Emax /1max), where Emax and Imax

are the maximum values of the sinusoidal voltage and current, respectively. The

second is the phase angle, 0, between the current and voltage. Combining these two

parameters describes the impedance of the system, defined by the vector quantity Z,

which can be represented as a point on a vector diagram as in Fig. 2-12.

There are, therefore, three ways to describe the vector, ie. by its magnitude |Z| and

phase angle 9, the components along the real and imaginary axes (|Z] cos 0 and |Z| sin

9, respectively), or by a complex number, Z* = Z - jZ".
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Z"

(imaginary axis)

|Z| sin 0

IZI cos0
Z' (real axis)

Figure 2-12 Representation of the impedance of a cell on a vector (Argand)

diagram.

During an ac experiment, the complex impedance of the system is measured as a

function of frequency. Simple systems give characteristic impedance plots in the

complex plane which can be modelled by equivalent circuits, generally constructed

from resistors and capacitors, designed to reproduce the ac response of the cell under

investigation.

The magnitude of the impedance of a resistor is simply given by its resistance and is

independent of frequency (0-0), such that

Z\ = R 2-47

53



The corresponding complex impedance plot for a resistor is therefore a single point

displaced along the real axis by a distance R for all frequencies, as shown in Fig. 2-

13.

R

VMM
-Z"

R T

Figure 2-13 The complex impedance plot for a resistor.

The capacitance, C, is defined as the charge, q, stored per unit potential difference, E,

between electrode plates, such that

C = — 2-48
E

The current that passes through a capacitor is then given by

/=^ = C^ 2-49
dt dt
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A sinusoidal voltage of amplitude Emax can be represented as:

E = £max sin(cor) 2-50

where co is the angular frequency, defined by co = 2nf, and/ is the signal frequency in

Hz. Thus,

I = £max coC cos(otf) 2-51

or I = Emax(oC sin COM
v 2 /

2-52

It is seen from eqn. 2-52 that the voltage lags behind the current by a phase angle of

9 = -nil. The impedance of a capacitor (E/T) is therefore frequency dependent and

has a magnitude of 1/coC:

Z = — 2-53
ojC

The complex impedance plot for a capacitor, shown in Fig. 2-14, defines a vertical

spike coincident with the imaginary axis, since there is no real displacement for lack

of a resistive component.
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-Z" w

o

(0

o

Figure 2-14 The complex impedance plot for a capacitor.

2.5.1. Simple Systems

Having determined the impedance of each of the individual elements of the circuit,

the impedance of a network of components can be found. When components are

connected together in series the impedances are directly additive

2-54

This is illustrated by a resistor and capacitor in series, where

2-55
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R C

AMAM II
-Z"

CO

Z

Figure 2-15 The complex impedance plot for a resistor and capacitor in series.

In the complex impedance plane eqn. 2-55 defines a vertical line displaced a distance

R along the real axis (Fig. 2-15). As the frequency is increased the impedance of the

capacitor is reduced and the contribution of the imaginary component to the

impedance reduces correspondingly.

When components are connected together in parallel the impedances are not directly

additive, but their inverse complex admittances (Y* = 1/Z*) are

Y*«ual=tf+Y*2 + Y*3+- 2-56

where Y* — Y'+jY'' =
Z'-jZ"

2-57
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Thus, the real and imaginary parts are defined as

r=
Z'

Z,2 + jZ"2
and Y" =

Z"

Z'2 +jZ"2
2-58

The admittance of a resistor and capacitor are MR and jcoC, respectively. The total

admittance of the parallel RC circuit is then given by:

1
• ^

Ytotal-—+jaC
K

2-59

Rearranging eqn. 2-59, the total impedance is found to be

Z total
J R- jcoC R2

1 + (coCR)21
• ^

— + jcoC
R

R

1 + (coCR)2
-J

aCR2
1 + (coCR)

2-60

= Z'-yZ"

Providing the Z' and Z" scales are equal, eqn. 2-60 defines a semicircle in the

complex impedance plane, with a diameter R along the real axis (Fig. 2-16).
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R

Z'

Figure 2-16 The complex impedance plot for a resistor and capacitor in parallel.

At the maximum of the semi-circle,

R coCR2
1 + {coCR)2 1 + {coCRY

2-61

and solving with respect to R gives

R =

CD max f-
2-62

allowing both R and C to be determined from the complex impedance plot.
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2.5.2. Cells with Blocking Electrodes

In a system where there is no finite electrode reaction, the electrode is said to be

blocking. A simple case for a real system consists of an electrolyte solution separating

two blocking stainless-steel electrodes. When the ac voltage is applied to the cell, the

electrodes become alternately positively and negatively charged. The ions of the

electrolyte migrate back and forth in phase with the voltage, which can be

represented by a bulk resistance Rb in the equivalent circuit. As the ions are

alternately accumulated and depleted from the region near the surface of the

electrode, a layer of equal and opposite charge is formed at each electrode. The

electrode/electrolyte interface thus behaves like a parallel plate capacitor, represented

by a double layer capacitance Cdi. The solvent molecules also become polarised in

the alternating field and can be represented by a bulk capacitance Cb. Since the

polarisation of the solvent and the migration of ions are considered to occur in

parallel, the equivalent circuit modelling the system will place the elements Rb and Cb

in parallel. This parallel combination is in series with the capacitance at the electrode,

Cdi- In a symmetrical cell, the capacitance from each electrode is usually summed and

represented by a single element, such that l/Cdi = CCdui) + 1 ICdia)- The total

impedance is then given by [23]

Ztot - ~y-J<
1 + {coCbRb)

which represents the full ac impedance plot shown in Fig. 2-17.

coChRl
\ + (coChRhf ojCji

2-63
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Figure 2-17 The complex impedance plot for a cell with two blocking electrodes.

2.6. Electrolytic Conductance and Conductivity

Conductance measurements of electrolyte solutions have been recorded over the last

century in both aqueous and non-aqueous media, and more recently in polymer [24,

25] and gelled [26, 27] electrolyte systems. Such measurements can be taken with a

high degree of precision.

2.6.1. Definitions

The electrical resistance, R, of a uniform conductor is defined as

( L\
« = Ph

\-AJ
2-64
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measured in absolute ohms, Q, where L is the length of the conductor and A is the

cross-sectional area and the proportionality constant, p, is called the specific

resistance. Ifwe take

K =- 2-65

then on comparison of eqns. 2-64 and 2-65 we obtain

k = (-) \_
R

2-66

which defines the specific conductivity, jc, in units fT'cm"1 (or Scm"1). The reciprocal

of resistance (1 /R) is known as the specific conductance. Reducing the conductivity

to a unit concentration scale defines

1000 K: k
Ac = or Am = — 2-67

c m

where Ac and c are the molar conductivity and the molar concentration, and Am and

m are the corresponding molal quantities. The ratio (L/A), in units of cm"1, is termed

the cell constant and is an easily determined quantity.
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2.6.2. Electrolyte Solutions

Electrolytes are substances which give rise to ion formation. By definition, strong

electrolytes are completely ionised and mobile upon dissolution into a solvent. Weak

electrolytes, however, are not fully dissociated in solution, but become more so upon

dilution. This effect is described by the Ostwald dilution law.

where Kd is the dissociation constant, a the fraction of free ions and c the

concentration. Although strong electrolytes are fully dissociated, restrictions on ion

mobilities persist. A central ion is, on a time averaged scale, surrounded by an

atmosphere of counter-ions with opposite charge, leading to two situations [28]

under the influence of an applied field. The first is called the relaxation effect caused

by the time delay for the restructuring of the ionic atmosphere around the central ion

following its movement through the solution. An asymmetrically distributed

atmosphere is constructed, resulting in an attraction of the central ion in the opposite

direction to that of its motion. The movement of the atmosphere in the opposite

direction induces some solvent movement. This viscous hindrance imposed on the

central ion is called the electrophoretic effect.

If the conductivity of an electrolyte was simply a linear function of the number of

charge carriers, then by plotting the molar conductivity against concentration a

straight line parallel to the concentration axis would be seen. However, the molar
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conductivity deviates from this ideal with increasing concentration, suggesting that

the loss of mobility may arise from (i) ionic atmosphere effects noted above and (ii)

association of free ions to form neutral species. In the limit of infinite dilution,

Kohlrausch suggested that association of ions is negligible and presented an empirical

relationship between A and c1/2 for strong electrolytes:

where a is an arbitrary constant, now known to be related to ionic atmosphere effects

as described below, and A0 is the molar conductivity at infinite dilution (or limiting

molar conductivity). Weak electrolytes do not have such a linear form since their

dissociation is considered to increase with increasing dilution, as noted above. The

use of the term "dilute" is open to interpretation, but throughout this text it is taken

to be in the range where the classical Debye-Huckel model [29] is valid. This

accounts satisfactorily for the thermodynamic properties of electrolyte solutions by

regarding ions as hard spheres separated by a medium with relative permittivity equal

to that of the pure solvent.

Based on the Debye-Huckel theory, Onsager developed an expression [30], which

dealt with the relaxation and electrophoretic effects:

A = A0 — a-\[c 2-69

A = A0 — S-Jc 2-70
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where S is a combination of constants derived from the physical properties of the

solvent. Eqn. 2-70 compares well with the empirical Kohlrausch equation (eqn. 2-

69).

2.6.3. Ion Association

In many cases the experimental data obtained deviates from the slope predicted by

Onsager, and the mean ionic activity coefficients differ from those of the Debye -

Huckel theory. It was suggested by Bjerrum that under certain circumstances a

univalent ion may associate with an ion of opposite charge to form a non-conducting

ion-pair. A critical distance for ion-pairing , q, was defined as

Z+Z-e2
q- — 2-71

87T ere0kT

where Z, is the valency of the ionic species i, £r is the relative permittivity of the

solvent, e0 is the vacuum permittivity, k the Boltzmann constant, T the temperature

and e the elementary charge. Pairing can take place if the ion separation becomes less

than q, otherwise the Debye-Huckel model holds. As the relative permittivity of the

solvent decreases, the critical pairing distance increases resulting in a higher degree of

association.

By plotting A against c"\ the curve generally falls into one of five patterns shown in

Figs. 2-18 to 2-22.
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Figure 2-18 Type /: Molar conductivity of potassium chloride in water. From

ref [31].

Figure 2-19 Type IT. Molar conductivity of tetraethylammonium picrate in

methanol. From ref. [32J.
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Figure 2-20 Type III. Molar conductivity of tetrabutylammonium bromide in 70

dioxane - 30 water. From ref. [33].
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Type IV. Molar conductivity of potassium chloride in liquid

ammonia. From ref. [34].
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Figure 2-22 Type V: Molar conductivity of tetra-iso-amylammonium nitrate in

93.6 dioxane - 6.4 water. From ref [35J.

For ionophores (compounds which are ionic lattices as solids) in solvents of high

dielectric constant, A(c) approaches the limiting tangent from above (Type I).

Ionogens (compounds which are molecular lattices as solids, and react with some

solvents to produce ions) may also show similar behaviour; for example hydrogen

chloride in water. Dissolving a specific ionophore in a range of solvents of decreasing

relative permittivity, will successively drop the slope of the A - cl/2 curve toward the

limiting tangent. Eventually, it will cross over and approach from below as slight

association to pairs occurs (Type II). Type III is observed when association to pairs

is sufficient to cause an inflexion in the observed concentration range. Association

becomes even more pronounced (Type IV) until finally a minimum is observed (Type

V) indicating an increase in the number of charge carriers.
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2.6.4. Paired Ion Model

The extended theoretical expressions mentioned earlier were based on rigid charged

spheres of diameter, a, in a continuum, and on the postulated equilibrium between

free ions and non-conducting ion-pairs. The definitions of the relaxation and

electrophoretic effects in these expressions contain a, but since the ion-atmosphere

induces long-range effects they should depend only on the charges of the ions and not

on their size. The equations also depend on the use of the macroscopic relative

permittivity which does not hold at a microscopic level. A new model was thus

proposed in 1978 by Fuoss [36], which corrects for these approximations.

In dilute solution, most of the ions will have solvent molecules as nearest neighbours,

but it is possible that a given ion will have an ion of opposite charge in its shell of

nearest neighbours. Such pairs are defined as contact pairs, where the distance

separating the centres of ions i and j is r,; = a. The nearest neighbours to a contact

pair are solvent molecules surrounding the pair to form a cage. Eventually, on a time

scale comparable with the time constant for thermal motion, one of the ions will

exchange sites with an adjacent solvent molecule, dissociating the contact pair.

Meanwhile, another contact pair has formed elsewhere in solution so that the time

averaged concentration of contact pairs remains constant.

Ions whose nearest neighbours are solvent molecules, but find an ion of opposite

charge in the next nearest shell are called solvent-separated ion pairs. For these,

nj = {a + s), where 5 is the diameter of a sphere corresponding to the average
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volume per solvent molecule. Solvent-separated pairs of higher order are also present

with r,j = (a + ms), where m is a positive integer greater than 1. Unique partners

can, therefore, be defined for cations which find only one anion in the range

a<nj<R, where R is the sum of the radii of the cation and anion solvent cospheres.

Thus, ions for which rtJ > R are defined as unpaired.

When thermal motion and attractive forces bring a cation and anion to a distance r=R

apart, they are classed as paired. Further diffusion may reduce the centre-to-centre

distance, until eventually a contact pair is formed. If the solute is an ionogen, a

rearrangement to form a neutral molecule may occur. Alternatively, ions for which

a < ry ^ R may diffuse to distances r > /?, hence dissociating. The equilibria

representing this scheme can be given by

Kr K,

Xf+X~ ^ XTX~ MX 2-72

where the symbol (M+~-X ) represents a solvent-separated pair, XTX a contact

pair and MX a neutral molecule. The concentration of unpaired ions is cy, and paired

ions is ca(l->), where c is the molar concentration, a the fraction of contact pairs

and } the fraction of free ions.
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The equilibrium constants for eqn. 2-72 are then:

2-73

2-74

where Kr describes the formation and separation of solvent-separated pairs by

diffusion in and out of spheres of diameter R, and Ks describes the short-range

process by which contact pairs form and dissociate; Es is the difference in energy

between a pair in the states (r = R) and (r = d) and/ is the mean activity coefficient.

Rearranging eqn. 2-74 gives

(\-a) = t r(l + KS)
2-75

Substituting eqn. 2-75 into 2-73 gives the conductimetric pairing constant

fl-y) 2-76
0+*,)cr72

2-77
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which is used to determine the concentration cy of active ions which produce the long

range inter-ionic effects. Conductivity measurements can produce at least three

parameters: the limiting molar conductivity A0, a distance parameter R, and Ks which

includes all the short-range effects. By treating the equilibrium of solvent-separated

pairs to contact pairs as a "reaction", all the complex short-range ion-solvent and ion-

ion interactions can be included in this one parameter, without needing to consider

the details [36],

Having Ka in the form of eqn. 2-77 reveals the failure of the pre-1978 iso-dielectric

rule, which defines

KA =
f4:zNaA '

3000
exp

■> \

aerkT
2-78

implying that a given electrolyte with fixed distance a should have the same pairing

constant in different solvents with the same relative permittivity (dielectric constant);

however, experimental deviations from this rule have been observed [36], In eqn. 2-

77, the solvent-separated pair parameter, KR, contains er but the contact-pair

parameter, Ks, is defined only by the system under study.

Contact pairs form by a sequence of ion-solvent site interchanges within the spheres

of diameter R, until two ions of opposite charges become nearest neighbours. Once a

contact pair forms, the electrostatic attraction will hold the pair together for a time

longer than the time scale of Brownian motion. The surrounding solvent will also
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serve to stabilise the pair through its caging effect. When an external field is applied

the pair will experience a torque and begin to rotate, and if the field is removed the

pair will return to a random orientation. Thus, it can be seen that the pairs act as

electric dipoles, contributing only to charging current. The conductance function is

given by

A = [l - a(l - y)}| A0( 1 + + A Ae| 2-79

where AXX and AAe represent the relaxation and electrophoretic effects,

respectively. For the case of ionogens, where oc is very near unity (-Es / kT» 1), the

conductance equation reduces to

A - y<! Aol l-i—rr +AAe[> 2-80A j

The equilibrium constant for the effective reaction AT + X MX is then

(l-y)
Ka — rrr ~ KR KS 2-81

cy'f .

since Ks» 1. For ionophores in solvents of low dielectric constant, a is also near

unity; for a > 0.98 {l - a( 1 - y)} = y and eqn. 2-79 can be approximated by eqn. 2-

80.
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2.6.5. Higher Association

In low dielectric constant solvents, the electrolytic behaviour under very dilute

conditions is similar to that of weak electrolytes in high dielectric constant solvents.

However, as the concentration of electrolyte increases, a conduction minimum may

be observed. This behaviour falls into neither of the two main classes, thus prompting

the construction of a new conduction model to describe the increase in molar

conductivity after the minimum.

2.6.5.1. Triple Ion Formation

Triple ion formation was first postulated by Fuoss and Kraus [35] in 1933 to account

for the conductance behaviour of dioxane-water mixtures. Petrucci, et al [37, 38] and

Nicolas, et al [39] have observed similar behaviour with LiC104 in 1,3-dioxolane and

in THF.

Although an ion-pair is electrically neutral, a dipole field exists which attracts either a

cation or anion to form a triple-ion. In particular, the dipoles of salts with one large

ion and one small ion are highly associated. Such triple-ion clusters form in solvents

with er < 20 since the potential energy for an ion in contact with a counter-ion of the

pair becomes sufficient to stabilise the configuration.
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The hypothesis is made that the following equilibria exist:

K,

NT + X" ■« M"X~ 2-82

Kt(a)

M+XT + IVf - MVC 2-83

Kt(b)

MTXT + XT - M7XT2 2-84

For simplicity, it is generally assumed that the probability of forming M2X+ is equal to

that of MX2~, such that

Kt(a) = Kt(b) = Kt

where a, and at represent the fraction of solute existing as free ions and triple ions,

respectively. Similarly, K, and Kt are the association equilibrium constants for the

formation of ion-pairs and ion-triples. From equation 2-82, the mass action equation

for the binary equilibrium is given by

[M* X~] (1-a,-3 «,)
Mlx-)' '<*!

approximating the activity coefficients by unity. Rearranging eqn. 2-84 to solve for

a,:
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a, {cK,) + a,-(l-3at) = 0 2-85

which is in the form of a quadratic with solutions

-1 ± t/1 + 4cKj(1 - 3a,)
a, = 2-86

2c Ki

Here, only the positive root has any physical significance. The mass action equation

for triple-ion formation (eqns. 2-83 and 2-84) is given by

[mzx+] [mxz ]
= or L

[m+x~\m+] [m*x-\x~]

a'
2-87

ca,(l-a,-3ar)

again taking activity coefficients equal to unity. Rearranging eqn. 2-87 to solve for a,

ccC:(l-a,-3a,)K,-at = 0 2-88

a!(3ccciK,+ l) = ca.Ktil-cCi) 2-89

_ca,Kl(l-cti)
a, - ~r -r- 2-90

ATr 1)
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On comparison of eqn. 2-84 with eqn. 2-87, we find

Kt = at — 7J 2-91
y c(l-a,-3at)

such that

at = Kt
c(l-a,-3af)3

K i
2-92

and on rearrangement of eqn. 2-84,

(l-a,-3 a,)
a, =, 2-9j>

V cK,

If Aq represents the sum of the limiting molar conductivities for the free ions (by

Kohlrausch's law of the independent migration of ions), and A J the sum of the

limiting molar conductivities of the two triple-ion species, then the observed molar

conductivity Ac can be given by

Ac = a, A0 + a, Aq 2-94

provided the effects of interionic forces upon mobility are neglected, giving

j(l-a,-3a,) |c(l-a,-3af)
Ac = AoJ- + AoKtJ— 2-95

V CK, V K,
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which is of the form

A c = Ac-m + Bcin 2-96

-1/2
At concentrations lower than where the minimum occurs, Ac dominates and the

majority of species are ion-pairs. The fraction of solute present as ion-pairs is given

by (7 - a, - 3at), which will be close to unity in this region. As the concentration

1/2

increases, Be becomes more significant. When Ac is dependent on both functions
1/2

equally, a minimum is reached which is then followed by domination of the Be term

with a corresponding increase in molar conductivity.

At low concentrations, where a, and at are small, ion-pair formation is dominant and

eqn. 2-96 can be reduced to its limiting form:

A — A' , rV 1/.Am - Ac + B c 2-97

where

and 2-98

Rearranging eqn. 2-97 into a more convenient form we have

AceV2 = A+ Be 2-99
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and on plotting Ac.c1'2 versus c, a straight line will be observed with intercept A' and

slope B'. While proving satisfactory for a large region of the data, these simplified

equations are often inadequate at very low concentrations, ie. experimental data has a

downward curvature. Combining the Debye - Huckel expression for/+ with the mass

action equations of 2-82, 2-83 and 2-84 the expression for A becomes [35]:

A =
i 3/2

Ao
(cA)W2 (a, Ao + a, At0) 2-100

where S is the coefficient of the Onsager tangent given by

c _ 8.204X105 , , 82.501
/ —n.3/2 "4° L

{erT) n{eJ)
2-101

Rearranging eqn. 2-100 to its linear form gives

Ag(c)c",=Jr+^r v Aoj
2-102

exp
/ m \

~P ( . » \l/2

with g{c) -

A VAo
1/2 (cA)'

Ao

A

Ao.

xl/2
2-103
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where j3' is the Debye-Huckel activity coefficient term

P' =
1.8247 xlO6

(ejf2

A plot of Ag(c)c'2 against (l-A/Ao)c reveals a straight line with almost no curvature

in the more dilute region.

2.6.5.2. Re-dissociation of the Ioti-pair

accepted as proof of the existence of triple-ions. However, as far back as 1968,

Cavell and Knight proposed [40] that quantitative estimates of triple-ions in media of

low dielectric constant are grossly exaggerated unless values of the relative

permittivity er of the solution at varying salt concentrations were taken into account.

Ac impedance studies [41-43] on high molecular weight polymer electrolytes have

shown that er, increases as a function of concentration. Eqn. 2-71 shows that as the

dielectric constant of the solvent increases, the association to pairs decreases and the

time averaged fraction of free ions will increase. The functional dependence of the

association constant upon permittivity has been represented by

Over the years, the presence of a minimum in the A(c)-c"2 plots has been widely

2-104
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As the number of ion-pairs increases, the permittivity of the solution will increase,

resulting from the larger dipole concentration. The evidence may then suggest that

the dominating charge carriers after the conduction minimum is the increasing

fraction of free ions. Raman evidence for such a process has been found by Schantz

[44] and Stevens et al [45].

Petrucci and co-workers have shown [46], however, that the apparent lack of fit of

data to the Fuoss-Kraus model (eqns. 2-100 and 2-102) in some regions can be

corrected for by the introduction of the solution permittivity and viscosity as variable

quantities. This hypothesis is thus a combination of the triple-ion theory and the idea

put forward by Cavell and Knight.
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CHAPTER THREE

Experimental Procedures

3.1. Preparation of Salts

3.1.1. Lithium Perchlorate

Lithium perchlorate (LiClCL, m.p. 236°C, Aldrich 99%+) was dried by heating the

sample at 160°C for a period of 48 hours under dynamic vacuum. After cooling, the

dry sample was transferred to an argon filled glove box for storage.

3.1.2. Lithium hexafluorophosphate and Lithium tetrafluoroborate

The LiPF6 and LiBF4 salts (Aldrich, 98%) are thermally unstable in their pure form

(Figure 3-1), with LiF as the major breakdown product. It was therefore decided that

the salts should be used as received.

3.2. Lithium Complexes

Complexes of the form (MJC.nL)b, where M represents an alkali metal such as

lithium, X is a suitable anion and L is a chosen electron donating ligand, were

prepared by the Associated Octel Company Ltd [1, 2], The procedure involves the

reaction of an alkali metal M with an anhydrous salt of the anion X in the presence of
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the ligand L, and a purified hydrocarbon solvent under an inert atmosphere. For

example:

LiH + anhyd. NH4X + nL ► H2 + NH3 + b"1(LiX.nL)b 3-2

BuLi + anhyd. NH4X + nL ► BuH + NH3 + b_1(LiX.nL)b 3-3

The lithium complex salts used in this work contain ligands of diglyme (DG) or

pentamethyldiethylenetriamine (PMDETA). These salt complexes include LiPF6.2DG,

LiC104.2DG, LiPF6.PMDETA, LiBF4.PMDETA and LiCF3S03.PMDETA. The main

advantage of such complexes, from a preparative point of view, is that high yields

may be obtained, they are moisture free and are thermally stable (Figure 3-1).

Analysis of the complexes used in this work is shown below in table 3-1 [3],

Table 3-1 Analysis of lithium salt complexes.

% experimental (theoretical)

LiPF6.2DG+ LiPF6.PMDETA:

c 34.42 (34.29) 33.72 (33.24)

H 6.13 (6.71) 6.43 (7.13)

N <0.3 (0) 12.91 (12.92)

Li * 1 1.7 (1.65) 2.2 (2.1)

T Perkin Elmer 2400-CHN Analyser
* LECO-CHNS-932 Analyser
* Inductively coupled plasma emission spectroscopy (ICP) ARL-3410 Minitorch instrument
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Figure 3-1 DSC heating cycles for ( ) LiPF6 and ( ) LiPF6.2DG.

3.3. Solvent Preparation

3.3.1. Diglyme

Diethyleneglycol - dimethylether (diglyme) (Aldrich, 99%+) was refluxed over fresh

lithium under dynamic vacuum. Benzophenone was added as an indicator, changing

the colour of the refluxed reaction mixture to a deep blue when the water content was

minimised. The middle 60% cut of the solvent was collected and transferred to a

glove box for storage.

3.3.2. Poly(ethylene oxide) 400

Low molecular weight poly(ethylene oxide) (PEO400, CFh terminated) of average

molecular weight 400 (Fluka, 99%+) was dried over 4A molecular sieves for at least

one week in a glove box before use.
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3.3.3. Tetrciglyme andpropylene carbonate

Tetraethyleneglycol - dimethylether (tetraglyme) and propylene carbonate (PC)

(Aldrich, 99%+) were purified using a 90 plate column Fischer HMS 500C distillation

apparatus under dynamic vacuum (10° mbar) (Fig. 3-2). The relevant temperature

settings for each solvent are listed in Table 3-2.

Table 3-2 Temperature settings for the Fischer HMS 500C when distilling

tetraglyme and propylene carbonate.

Solvent Bath temp. °C (At) Mantle temp. °C (At)

Tetraglyme 147 (8) 90 (3)

Propylene carbonate 120 (14) 57 (3)

After refluxing for at least 1 hour, the first 20% cut was collected at a rate of ca.

25cnThr"1. Only the middle 60% cut was kept for use and transferred to a glove box.

All solvents were analysed by microelectrode cyclic voltammetry to verify their

purity.
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Figure 3-2 General view of the Fischer distillation apparatus HiVIS 500C.

Legend for Figure 3-2:

1 Oil bath 10 Buffer vessel

2 Distillation flask 11 Vacuum line

J SPALTROHR™ column 12 Vacuum pump

4 Heating mantle 13 Mounting frame
5 Fraction collector 13.1 Support rod
6 Solenoid coil 14 Vacuum sensor

8 Distillate cooler 15 Distillation control device

9 Cold trap
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3.4. Preparation of Electrolytes

Unless otherwise stated, all operations were performed in an argon filled glove box

(mBraun type) where levels of O2 and H20 were maintained below lppm.

3.4.1. Liquids

All solutions were prepared by directly dissolving known masses of the salt or

complex into the desired solvent, followed by stirring to ensure homogeneous mixing.

3.4.2. Amorphous Polymer Electrolytes

Poly(methylene ethylene oxide) (PMEO) of average molecular weight 96000 was

prepared according to Booth et al [4], Known masses of PMEO and salt were

dissolved in a known quantity of tetraglyme. The solutions were stirred to ensure

homogeneity. The casting solvent was then removed on applying a vacuum for 48

hours. Residual tetraglyme was <5wt%.

3.4.3. Gels

Poly(methylmethacrylate) (PMMA) of average molecular weight 120000 (99%+,

Aldrich Chemical Co.) was dehydrated at 80°C under vacuum for 12 hours. Known

amounts of PMMA was dissolved into the appropriate propylene carbonate solutions

and heated to ca. 90-100°C to assist gellification. The final products were highly

transparent gels. The macroscopic viscosity of the gel may be altered by varying the
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amount of PMMA added. Details of specific gel preparations are described in the

appropriate results chapter.

3.5. Instrumentation

3.5.1. Conductivities

All conductance measurements were made by the ac impedance method. Ac

experiments were performed using a Solartron 1255 frequency response analyser

(FRA) coupled to a Solartron 1286 potentiostat, driven by an IBM compatible PC

under software control.

The cells were removed from the glove box and immersed in a water bath at 25°C, or

an oil bath at 50°C, and left for at least 1 hour allowing thermal equilibrium to be

reached before measurements were made. The frequency response was monitored

over the range lMHz-lHz.

Low electrolyte concentrations require a cell which can accurately detect small

changes in conductance. The cell constant (L/A) of such a cell should therefore be

small enough to reflect the small deviations. Similarly, high concentrations require a

relatively large cell constant.
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Stainless-steel Stainless-steel
teflon electrode teflon electrode

screws insulators (front face) spacer (back face)

Figure 3-3 Schematic of liquid conductivity cell with low cell constant.

Three cell designs were used throughout the measurements. The first was for the

study of electrolytes in low dielectric solvents, such as diglyme and tetraglyme. Fig.

3-3 shows a schematic for the cell design. This cell was constructed of stainless - steel

electrodes separated by a teflon spacer. The electrolyte solution was held in a

compartment within the spacer, in contact with each electrode. The cell constant was

0.078 cm"1. A syringe was attached to the outlet, and the solution was sucked through
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via a teflon inlet tube into the compartment. The teflon taps attached to the cell were

then closed within the glove box to seal the solution under argon.

For propylene carbonate solutions, a glass dip-type cell design was used. This cell

schematic is shown in Fig. 3-4. The platinum electrodes were sealed into glass such

that only one face of each electrode was in contact with the solution. The cell

compartment was also made from glass, into which the connecting cap with

electrodes was attached. Each of these cells had cell constants of ca. 1.0 cm"1.

3.5.2. Cell Calibration

The cell constant can be calculated by simply measuring the dimensions of the cell.

However, this fails to take into account the residual resistance of the connecting leads

and roughness of the electrode surfaces. The method chosen here, for liquid work,

involved measuring the conductance (1/R) of a standard 0.01 molal KCl/water

solution. Jones and Bradshaw [5] found the conductivity, K, at this concentration to

be 111.342 mScm"1, which was taken to be the standard. After measuring the

background conductance of the distilled water, the cell constant was then found using

the expression:

— K(Rsolution R-water) 3-4
\™-J

where Rsoiution and Rwaler are the resistances of the KC1 solution and the background

water, respectively.
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platinum electrodes
sealed into glass

female joint
(heavy wall)

loosening ring

glass body with
male quick-fit joint

connecting cap

O-ring

Pyrex™ electrolyte
compartment

Figure 3-4 Schematic of glass conductivity cell with low cell constant.

3.5.3. Cyclic Voltcimmetry and Chronoamperometry

Stability window studies on pure solvents, using voltammetry, required a Solartron

1286 potentiostat with a wide potential window capability. The counter-reference

electrode for pure solvent work consisted of a glass tube containing a solution of 1M
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LiClOVpropylene carbonate. Into this, a lithium wire (Aldrich Chemical Co.) was

dipped, and the end of the tube was closed with a Vicor glass frit attached with heat

shrinking teflon. The glass frit allowed electrical continuity to persist without cross-

contamination of the different species. Two forms of data collection was used: the

potential was applied to the counter electrode while the working micro-electrode was

held at virtual ground and the current passing out of the cell was amplified, using an

in-house built current amplifier, before being outputed to a Yokogawa x-y recorder;

data were collected by an IBM compatible PC under software control (Corrware).

An EG&G PARC potentiostat (model 273A), controlled by an IBM compatible PC

under software control (EG&G PARC electrochemical software), were used to

collect voltammetry and chronoamperometry data of lithium deposition at a

microelectrode. A low-pass filter was applied at all times. Chronopotentiometry

experiments were performed using a Solartron 1286 potentiostat driven by an IBM

compatible PC under software control (Corrware).

The cell constructions for liquids and solids (including gels) are shown in Fig. 3-5 (a)

and (b), respectively. A lithium metal wire was used as a counter-reference in the

liquid systems (placed directly into solution) and a lithium disk pressed onto a

stainless steel contact was used with the solid samples.
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Figure 3-5 Schematics of microelectrode cells for (a) liquids and (b) solid

polymers and gels.

3.5.4. Microelectrode Construction

The micro-working electrodes were prepared by rapidly collapsing glass onto nickel

or copper wire of appropriate diameter (usually 25p.m), followed by cutting to reveal

the micro-disk. Electrical contact was made by connecting a 0.5mm copper wire to

96



the microwire via solder or a lead plug. The glass seal was checked for selected

samples by SEM analysis.

The electrodes were polished first with alumina of decreasing sizes (lpm, 0.3 pm and

0.05pm) suspended in water. Polishing was repeated in the argon filled dry box using

0.05pm alumina suspended in the appropriate polyether or non-aqueous solvent on

chemically resistant polishing cloth (Beuhler), followed by rinsing.

3.5.5. Differential Scanning Calorimetry

DSC scans were performed on a Perkin Elmer DSC7 differential scanning

calorimeter, an IBM compatible PC and TAC 7/3 instrument controller. A liquid

nitrogen cooler was used. A sample of the hot pressed polymer electrolyte film was

sealed into an aluminium sample pan inside the glove box. Eleating and cooling cycles

over an appropriate temperature range were applied (10°C/min), using a sealed argon

filled pan as reference.

3.5.6. Nmr Measurements

Lithium-7 spectra were obtained using a Bruker AM-300 series spectrometer

operating at a frequency of 116.638 MHz. Lithium salt solutions were contained in

5mm nmr tubes and chemical shifts were measured with respect to an external

saturated LiCl/D20 reference at zero. Corrections for magnetic susceptibility were

not made.
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CHAPTER FOUR

Conductivities and Ion Association

in Non-aqueous Media

4.1. Introduction

In practical lithium battery systems the choice of electrolyte solution, optimisation of

its salt concentration and purification control are important factors. An electrolyte

possessing high specific conductivity with minimal ion-ion interactions is required to

maintain the cell at low internal resistance. Since very concentrated solutions (>0.5M)

are generally used in practical battery systems, an understanding of the properties of

these solutions is required before an electrolyte solution with optimum performance

can be selected.

Conductance studies have been performed as a function of lithium salt complex [1,2]

concentration in low molecular weight polyether solvents and in propylene carbonate.

The parameters characteristic of solution structure, such as molar conductivity at

infinite dilution and association constants, have been extracted and the observed

differences in the parameter values are discussed in terms of ion-ion and ion-solvent

interactions.
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4.2. Determination of Solvent Relative Permittivities

Interpretation of the conductivity results reported in the following sections require the

knowledge of the relative permittivity, or dielectric constant er, of the solvent media

under investigation. Although values of the dielectric constant for PC are well

documented in the literature as 64.92 [3] at 298K, there is a lack of such data for

some low permittivity solvents, including diglyme and tetraglyme.

The relative permittivity is given by CCCo in a cell of unit dimensions, where Cb is the

bulk capacitance of the pure solvent and Co is the vacuum capacitance. As the first

step, an ac-impedance measurement of propylene carbonate was performed as an

indicator of the accuracy of the technique. The complex impedance plot obtained is

shown in figure 4-1. At the angular frequency corresponding to the maximum of the

semicircle, oy,nax = 27if, the magnitude of the impedance of the resistor and capacitor

are equal:

1

thus (Dm^RbCb = 1 4-1

In general, the high frequency response yields information about the properties of the

medium between the electrodes. The high frequency semicircle in figure 4-1 yields the

bulk resistance of propylene carbonate due to residual impurities in the cell as Rb =

100



52kQ, and given Ctw the bulk capacitance was determined as G = 8x10"10 F using

eqn. 4-1.
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Figure 4-1 Ac-impedance plot of propylene carbonate over the frequency range

202 Hz to 734 kHz.

For a cell with electrode separation L and electrode area A, G is related to the

dielectric constant of the solvent by

G — £r£ 0

L

v A j

leading to er =
a( L
EoU

4-2

The results are summarised in table 4-1.
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Table 4-1 Calculated dielectric constants for some non-aqueous solvents.

Solvent Dielectric Constant

this work literature

propylene carbonate 64.9 64.92 [3]

diglyme 7.02

tetraglyme 7.28

PEO 400 - 7.83 [4]

4.3. Ion Association

Tables 4-2 to 4-13 list the specific conductivity and molar conductivity data as a

function of concentration for LiPF6, LiPF6.2DG, LiPF6.PMDETA, LiC104 and

LiC104.2DG in some non-aqueous solvents including diglyme, tetraglyme,

poly(ethylene oxide) 400 and propylene carbonate.

Table 4-2 Molar conductivities of LiC104 in diglyme at 25°C.
c /103 mol dm° jc /mScm'1 A /Scmrinor1

0.20192 0.001918 9.500

0.40628 0.003304 8.131

0.77218 0.004408 5.709

1.5442 0.005936 3.844

3.0940 0.01066 3.446

6.2189 0.01837 2.954

12.650 0.03432 2.713

26.030 0.07212 2.771
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Table 4-3 Molar conductivities of LiC104.2DG in diglyme at 25°C.
c 1103 mol dm"3 k /mScm"1 A /Scnrmor'

0.17222 0.001720 9.989

0.36440 0.002573 7.062

0.71231 0.003933 5.521

1.4823 0.005966 4.025

3.0303 0.01020 3.365

6.0493 0.01704 2.818

11.975 0.03483 2.908

24.446 0.07070 2.892

30.527 0.08731 2.860

39.823 0.1140 2.862

49.980 0.1475 2.951

Table 4-4 Molar conductivities of LiPF6.2DG in diglyme at 25°C.
dW mol dm"3 Jc/mScm"1 A /Scnrmol"1

0.21907 0.003201 14.61

0.43936 0.005120 11.65

0.87478 0.008089 9.247

1.7409 0.01297 7.451

3.4697 0.02135 6.153

6.9778 0.03743 5.364

13.905 0.06991 5.028

21.354 0.1099 5.147

27.707 0.1421 5.127

44.770 0.2337 5.221
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Table 4-5 Conductivity data of LiPF6 in TG at 25°C.

c /103 mol dm"3 (c/mScm1 A /Scnrmol"1

5.5722 0.01817 3.261

8.5046 0.02473 2.908

14.580 0.04064 2.787

21.862 0.06121 2.800

31.589 0.08984 2.844

44.784 0.1344 3.001

68.612 0.2205 3.214

99.349 0.3397 3.419

148.92 0.5450 3.659

240.97 0.9268 3.846

357.39 1.319 3.691

478.27 1.698 3.550

819.14 2.262 2.761

1263.1 2.203 1.744

Table 4-6 Conductivity data of LiPF6.2DG in TG at 25°C.

c /103 mol dm"3 k /mScm"1 A /Scnrmol"1

3.0784 0.01078 3.500

4.9710 0.01522 3.063

8.1521 0.02291 2.811

12.603 0.03405 2.701

17.809 0.04796 2.693

27.294 0.07433 2.723

38.030 0.1077 2.833

57.366 0.1725 3.006

95.091 0.3110 3.271

147.14 0.5148 3.498

222.30 0.8374 3.767

338.21 1.254 3.708

571.06 1.985 3.476

1002.1 2.860 2.854
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Table 4-7 Conductivity data of LiPF6.PMDETA in tetraglyme at 25°C.

c /103 mol dm"3 Jc/mScm"1 A /Scnrmol"1

9.5027 0.02627 2.7650

12.213 0.03322 2.720

16.002 0.04268 2.667

24.028 0.06389 2.659

30.170 0.08164 2.706

42.952 0.1189 2.768

59.733 0.1705 2.854

92.422 0.2770 2.997

141.91 0.4397 3.098

220.46 0.6771 3.071

359.31 1.063 2.959

482.63 1.290 2.673

637.63 1.496 2.346

1019.1 1.768 1.735

Table 4-8 Conductivity data of LiPF6 in PEO 400 at 25°C.

c /103 mol dm"3 jc/mScm'1 A /Scm'mol"1

8.5035 0.00802 0.9427

13.095 0.01262 0.9637

18.417 0.01749 0.9495

26.923 0.02603 0.9669

40.274 0.04001 0.9935

58.319 0.05983 1.026

85.603 0.09280 1.084

121.82 0.1416 1.163

182.90 0.2193 1.199

262.66 0.3172 1.207

383.51 0.4445 1.159

530.94 0.5579 1.051

866.90 0.6616 0.7631

1208.2 0.6192 0.5125
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Table 4-9 Conductivity data ofLiPF6.2DG in PEO 400 at 25°C.

c /103 mol dm"3 K/mScm"1 A /Scnrmol"1

7.2717 0.007530 1.036

11.510 0.01130 0.9816

16.067 0.01553 0.9667

28.370 0.02776 0.9784

37.806 0.03822 1.011

52.966 0.05625 1.062

66.476 0.07360 1.107

93.163 0.1081 1.160

132.39 0.1652 1.248

198.77 0.2599 1.308

295.77 0.4034 1.364

399.58 0.5514 1.380

659.87 0.8681 1.316

998.79 1.196 1.197

Table 4-10 Conductivity data ofLiPF6.PMDETA in PEO 400 at 25°C.

c /103 mol dm"3 jc/mScm"' A /Scnrmol"1

9.8445 0.007530 0.7649

15.310 0.01130 0.7380

23.948 0.01553 0.6486

37.009 0.02776 0.7500

57.001 0.03822 0.6705

86.478 0.05625 0.6504

122.26 0.07360 0.6020

179.92 0.1081 0.6009

260.11 0.1652 0.6353

354.17 0.2599 0.7338

544.44 0.4034 0.7409
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Table 4-11 Conductivity data of LiPF6 in PC at 25°C.

c /103 mol dm'3 k /mScm"1 A /Scnrmol"1

13.004 0.2804 21.56

17.162 0.3606 21.01

26.315 0.5396 20.51

34.321 0.6769 19.72

45.535 0.8816 19.36

67.611 1.227 18.15

91.156 1.634 17.92

117.18 1.997 17.05

249.23 4.125 16.55

498.50 5.625 11.28

744.60 6.125 8.226

998.50 6.000 6.009

Table 4-12 Conductivity data ofLiPF6.2DG in PC at 25°C.
c /103 mol dm"3 k /mScm"1 A /Scnrmol'1

7.5544 0.1533 20.29

11.286 0.2222 19.69

17.154 0.3341 19.48

28.890 0.5403 18.70

43.099 0.7876 18.27

60.684 1.070 17.63

75.625 1.302 17.22

94.784 1.566 17.05

113.65 2.141 16.87

140.63 2.320 16.50

171.55 2.988 17.42

273.19 4.243 15.53

401.00 5.426 13.53

498.46 7.000 14.04

604.59 6.818 11.28

750.77 8.250 10.99

996.92 8.563 8.589

1150.6 8.550 7.431
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Table 4-13 Conductivity data ofLiPF6.PMDETA in PC at 25°C.
c /103 mol dm"3 fc/mScm"1 A /Scnrmol"1

7.2902 0.1919 26.33

13.732 0.3406 24.80

25.681 0.5951 23.17

42.188 0.9335 22.13

65.862 1.382 20.98

96.676 2.044 20.33

106.44 2.149 20.19

146.82 2.860 19.48

237.45 4.104 17.28

365.01 5.428 14.87

498.46 6.625 13.29

588.99 7.035 11.94

747.69 7.688 10.28

996.92 8.125 8.150

1130.1 8.239 7.290

4.3.1. Low Permittivity Media

When the solvent permittivity is relatively high and the solution has a moderate salt

concentration, the only significant associated species present is ion-pairs [5], If the

solvent permittivity is relatively low, ion-ion interactions dominate and contact ion-

pairs, triple ions and even larger aggregates may be stable [6],

The conductance behaviour of LiPF6, LiPF6.2DG and LiPF6.PMDETA in tetraglyme

and PEO400 are shown in Figures 4-2 and 4-3. The profiles of these curves are

representative of most electrolyte systems in solvents of low dielectric constant, with

a sharp decrease in the molar conductivity on increasing concentration from high
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dilution, a conduction minimum followed by an increase in the molar conductivity

once again. Assuming the charge carriers in the most dilute region of each solution

are free ions, the observed fall in the molar conductivity at low concentration is due

to the formation of neutral ion-pairs. The rise in molar conductivity from 0.02 to 0.2

mol dm° has been attributed to the formation of charged triple-ions [6] such as

[Li2PF6]+, since in this concentration range redissociation [7] of the ion-pair due to an

increase in the solution permittivity seems unlikely [8], The hypothesis that the

following equilibria exist (Chapter 2) is made:

K,

NT + X" 1VTX

K,(a)

NTX' + NT XT2X"

K,(b)

MX~ + X~ - MTX"2

where Kt, K/a) and K,(b) are the association constants for ion-pairs and the two triple

ion configurations, respectively. At low concentrations, where a, and a, are small,

and assuming that Kt(a) = K,(b) = Ku ion-pair formation is dominant and the

electrolyte conductance (eqn. 2-96) can be reduced to its limiting form:

Am= Ac~v2+Bcv2 4-7

where A = Ao J— and B = Ao AT, J— 4-8
V K, V K,
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Figure 4-2 Molar conductivity of tetraglyme at 25°C containing (□) LiPF6,

(T) LiPF6.2DG and (O) LiPF6.PMDETA.
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Figure 4-3 Molar conductivity of PEO400 at 25°C containing (□) LiPF6, (▼)

LiPF6.2DG and (O) LiPF6.PMDETA.
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To apply eqn. 4-7, it is necessary to have estimates of the limiting molar

T
conductivities of the free ions, A0 and the triple ions, AQ. In many conductometric

studies it is possible to obtain A0 by summing the limiting ionic molar conductivities

of electrolytes which do not associate [9], An approximation may also be made by

applying Walden's rule [9] which states that for a particular salt the product of its

limiting molar conductivity and the viscosity of the solvent in which it is dissolved is

approximately constant in different solvent media. That is

Msolvenn = {AoVi)solvenl2 4-9

where rj is the viscosity of the pure solvent. The data set [10] in table 4-14 was used

to calculate a mean Walden product for LiC104 as (A0r[)mean = 0.614 Scm2Pmor'. The

viscosity of diglyme at 25°C is rj = 9.81 x 10"3 P and by applying eqn. 4-9 the limiting

molar conductivity in diglyme was estimated as A^LiClC^/DG) = 62.6 Scm2mol"1.

The LiClC>4.2DG complex was assumed to be an identical system to that of the pure

T
salt in diglyme, and therefore the A0 values were taken to be the same. The ratio A0

/Aq was required for the determination of the triple-ion association constant, Kt.

T
Fuoss predicted that Aq/Aq could be found from the temperature coefficient of

conductance over a wide range of temperature. Initially, Fuoss and Kraus assumed

T
[6] that the ratio Aq,A0- 1/3 but Boileau and Hemery [11] have since recognised that
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T
this is likely to be an underestimate and prefer to take a ratio of 2/3 giving A0

(LiCKVDG) = 41.7 ScnfW1.

Table 4-14 Walden products of LiC104 in a range of low dielectric constant

solvents at 25°C; 1,2-DME: 1,2 - dimethoxyethane; 1,3-DXL: 1,3-

dioxolane; N,N-DMF: N,N - dimethylformamide.

Solvent A/Scm2mof1 rj/10JP A0rj /Scm2 P mol"1

1,2 - DME 149 4~13 0.615

1,3-DXL 104 5.89 0.612

N,N - DMF 77.4 7.96 0.616

Similarly, the LiPF6.2DG complex in DG was assumed to be structurally identical to

the solvated pure salt, allowing A0 to be estimated as before. Very little literature data

is available for LiPF6, however. Yoshio et al [12] proposed that the limiting

T
equivalent triple-ion conductivity in DME (77 = 4.5 x 10"° P) was A0 (LiPFe/DME) =

96.8 ± 1 Scm2mof1, taking A^/A0 = 2/3. Flence, A0(LiPF6/DME) = 144.5 ± 0.8

Scm2mol"1. After obtaining the Walden product for LiPF6/DME as AqT] = 0.650

Scm2PmofI and applying eqn. 4-9, we have A0(LiPF6/DG) = 66.3 Scm2mofl. Using

T 2 1
this value for LiPF6, A0 was found to be 44.2 Scm mol" . A similar calculation was

performed to obtain the limiting molar conductivities of LiPF6 in tetraglyme and

PEO400, taking 77 (tetraglyme) = 3.30 x 10"2 P and 77 (PEO 400) = 0.1453 P [4],
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In propylene carbonate (Table 4-17) the radii of the solvated complexed cations are

i?(LF 2DG) - 3.87A and A(LF PMDETA) = 4.32A. Assuming that the ligands

are the only species present in the first solvation sphere, the R values obtained may be

used as an estimate of the Stokes radii, r, in tetraglyme. For a univalent ion, Stokes

law [9] reduces to Xo - 0.820/7]/- A, where A0 is the limiting molar ionic conductivity.

The limiting molar cationic conductivities in TG were calculated as Xo (Li+ 2DG) =

6.421 and A® (Li+ PMDETA) = 5.752 Scn^moF1. In PC, Xo (PF6~) = 16.13

Scm2moF1 (section 4.4.2), and on application of the Walden product rule, A0 (PF6~) =

12.3 Scn^moF1 in TG. Summing the molar ionic conductivities gives A0

(LiPF6.2DG/TG) = 18.7 and A0 (LiPF6.PMDETATTG) = 18.0 Scm2moF1. Eqn. 4-9

was then applied to determine A0 for each complex in PEO400.

Table 4-15 Limiting molar conductivities for free ions and triple ions at 25°C.

JAo
Solution Scm2mol"1 ScnLmof1

LiClO-j/DG 62.6 41.7

LiPFs/DG 66.3 44.2

LiPF/TG 18.2 12.1

LiPF6.2DG/TG 18.7 12.5

LiPF6.PMDETA/TG 18.0 12.0

LiPF6/PE0400 4.13 2.75

LiPF6.2DG/PE0400 4.25 2.83

LiPF6.PMDETA/PE0400 4.10 2.73
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Rearranging eqn. 4-7 to its linear form

Accy2 - A + B c 4-10

and plotting Ac Vc vs. c, a straight line will be observed with intercept A' and slope B'.

Representative plots for LiPF6 in tetraglyme and LiPF6.2DG in PEO400 are shown in

Figure 4-4, from which the intercept A ' and slope B' were obtained. Curvature was

seen in the very dilute region of the diglyme solutions, most likely due to the neglect

of interionic effects on mobility.

0.02 0.04 0.06 0.08 0.10

c /mol dm"3

Figure 4-4 Plot of AVc vs. c for (□) LiPF6 in tetraglyme and (▼) LiPF6.2DG

in PEO400 at 25°C.
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The fitted A ' and B' parameters for each electrolyte are given in table 4-16 with both

K, and K, determined using eqn. 4-8. The rise in molar conductivity observed with the

tetraglyme solutions containing hexafluorophosphate salts measured here was more

significant than those containing LiC104 seen by Gray [13], All minima occurred at

ca. 0.02 mol dm"' in each of the tetraglyme solutions, after which the fraction of

charged species increased until ionic mobility became restricted due to higher

association and significant solution viscosity. The maximum occurred at ca. 0.25 mol

dm"' for tetraglyme containing LiPF6 or LiPF6.2DG, and somewhat lower at ca. 0.16

mol dm" for the LiPF6.PMDETA solution. Again, the minima for both LiPF6 and

LiPF6.2DG in PEO400 occur at ca. 0.02 mol dm"", as in tetraglyme, however in the

presence of the PMDETA ligand the ion mobility not only appears lower, but the

point at which charged species becomes significant does not come until a salt

concentration of 0.15 mol dm"".

The similarities between the uncomplexed lithium salt and the DG complex in

tetraglyme suggest that either the tetraglyme molecules preferentially coordinate to

the LP ion or the TG solvated cation and DG complexed cation are almost identical.

The structural difference, however, became apparent as the molecular weight of the

solvent was increased to PEO400, in which it appears that the DG ligand successfully

shields the cation from further association until a salt concentration greater than 0.35

mol dm"" is reached.
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Table 4-16 Fitted A' and B' parameters at 25°C and calculated association

constants.

A' B' K, Kt

Solution Scm"1 (cm3mor')1/2 Scm"1 (cirfmol"1)3'2 dm3mol"1 dm3mol"1

LiClOo/DG 0.1319 15.45 225247 175.84

LiPFg/DG 0.3143 18.55 44498 88.530

LiPF/TG 0.1962 9.572 8604.9 73.382

LiPF6.2DG/TG 0.1894 8.899 9748.2 70.290

LiPF6.PMDETA/TG 0.2184 "7.752 6792.7 53.242

LiPFg/PECMOO 0.09361 2.585 1946.5 41.472

LiPF6.2DG 0.07277 3.123 3410.9 64.450

/PEO400

LiPF6.PMDETA 0.1162 0.7978 1245.0 10.311

/PEO400

4.4.2. High Permittivity Media

Propylene carbonate (PC) has received much attention in recent years as a solvent

medium for electrochemical studies with regard to high-energy batteries [14], It is a

stable solvent of moderately high relative permittivity (64.92 at 25°C) [3], a wide

liquid range (mp. -42.2°C; bp. 241.7°C) and is inert towards reducing materials such

as lithium metal.
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The data from all propylene carbonate electrolyte solutions at low salt concentrations,

(tables 4-11, 4-12 and 4-13) were analysed with the Fuoss (1978) conductance

equation [5, 15] (Chapter 2), expressed as

A=p{Ao(l + ^) + ££}

p =[l-a(l-y)]

1 - K\cy2f2 4-13

4-11

4-12

4-14

4-15

Ka = Kr(1 + Ks) 4-16

where RX and EL represent the relaxation and electrophoretic terms, respectively, y is

the fraction of unpaired ions, and a is the fraction of contact pairs. Ka is the overall

pairing constant evaluated from the association constants of contact-pairs, Ks, and

solvent-separated pairs, KR. All other parameters have their usual meanings [5], The

distance parameter R is defined as the sum of the radii of the cation and anion solvent

cospheres. If the centre-centre distance r0 between ions / and j becomes less than R,

they are considered to be paired.

The parameters A0, Ka and R were obtained by solving the above equations using the

program SCAN [16] based on the algorithm developed by Fuoss, where the starting

118



values of A0 were obtained by a Schedlovsky extrapolation [17], In practice, the

calculations were made by finding the values of A0 and a which minimise

for a sequence ofR values, where n is the number of data points. The best-fit value of

R corresponds to the minimum in the cr% = lOOcr/A0 against R curve. First, a rough

scan over a fairly wide range of R values was made, to locate the approximate

minimum. A fine scan around this minimum followed and then a final calculation of A

o and a was made using the minimised R value.

Plots of molar conductivity, A vs. Vc are shown in Fig. 4-5 for LiPF6, LiPF6.2DG and

LiPF6.PMDETA in propylene carbonate at 25°C. Values of Ao, Ka and R obtained in

this way are listed in Table 4-17. Table 4-17 shows that LiPF6 in the presence of DG

can be thought of as relatively unassociated, while the LiPF6 and LiPF6.PMDETA

appear to form a larger fraction of ion-pairs. Although the molar conductivity for the

diglyme complex appears lower than the other salts at high dilution, A remains

relatively constant to beyond c = 0.5 mol dm""'. The association constant is related to

the distance R, such that as R increases the likelihood of solvent-separated ion-pair

formation increases.

a
.2 _ J 4-17

(n-2)
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Figure 4-5 Molar conductivity of propylene carbonate at 25°C containing (□)

LiPF6, (T) LiPF6.2DG, (O) LiPF6.PMDETA and (A) *LiBF4. The

solid lines represent the fitted conductivity curves according to eqn.

4-11. * Data taken from ref. [18],
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Table 4-17 Conductance parameters of LiPF6 salts in PC at 25°C.

Ao Ka Ks Kr R Walden

Salt Scm:mor' dnFmol"1 A Product

LiPF6 25.02 ±0.17 5.69 2.50 1.63 4.66 0.629

LiPF6.2DG 22.58 ±0.07 2.33 0.72 1.36 3.87 0.567

LiPF6.PMDETA 28.11 ± 0.31 6.20 3.13 1.50 4.32 0.725

LiBF4 * 28.48 ± 0.02 10.1 - - 13.2 0.704

* Takenfrom ref. [18].

An anion at a distance R from a cation may diffuse further away or toward the cation,

eventually forming a contact pair after displacing solvent molecules from within its

cosphere. It may be thought that the addition of a ligand about the lithium cation

should decrease its mobility.

The data presented here suggests an effect similar to that of conductivity

enhancement by addition of crown ethers to non-aqueous solutions [19], When ligand

molecules wrap around the Li* cation a cage, structurally very similar to a crown

ether, is formed. While an interior cavity is provided for the cation, the non-polar

exterior of the ligands allows passage of the Li*-cage through the organic solvent. In

the case of the DG this cage also protects the cation from anion association, avoiding

the formation of uncharged species and therefore maintaining the fraction of free ions

at a level which would otherwise decrease. The pairing distance R for LiPF6 was

found to be 4.66 A, almost the same as the Stokes radius for Li* in PC (4.8A ) [20]

and much higher than its crystallographic radius [20], indicating substantial solvation
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in this medium. If it is assumed that both DG and PMDETA preferentially coordinate

to the lithium ion (Chapter 6), then the R values obtained may suggest that the

complexed Lf may be smaller than the Li+ cosphere formed from solvation by PC.

Since two DG ligands can wrap around the cation the shielding from anion

association will be more effective than coordination to a single PMDETA ligand. The

limiting molar ionic conductivity for the PF6" anion was calculated as Ad ~ 16.13

Scm2mol"1 assuming the independent migration of ions rule holds and that Xd = 8.89

Scm2mof1 [20]. The higher limiting molar conductivity of Li+—PMDETA suggests

that it may in fact be smaller than the Lf—2DG, assuming ion size is the dominating

factor upon mobility.

Table 4-18 Limiting ionic conductivities in PC at 25°C.

Cation in PC hf /ScnTmor1

LE 8.89

Li+ — 2DG 6.45

Li+ — PMDETA 11.98

4.4. Specific Conductivities

The specific conductivity k generally passes through a maximum at a salt

concentration characteristic of the solvent and solute [21]. In recent years, interest in

Kmax values for a range of solution mixtures has proved its importance in the

development of high energy density lithium rechargeable battery systems [14],
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The specific conductivity values k (mScm"1) for hexafluorophosphate salts in TG,

PE0400 and PC with the corresponding solution concentrations c (mol dm"'') are

presented in tables 4-5 to 4-10. The data were analysed using the semi-empirical

Casteel-Amis equation [22]

where c is the concentration, cmax is the concentration corresponding to the maximum

specific conductivity. The constants a and b are arbitrarily chosen and are adjusted

during the non-linear least-squares (NLLS) fit along with tw and cmax. The Casteel-

Amis equation was formulated to fit the specific conductivity k as a function of the

molality (mol kg"1). However, Werblan and Balkowska [23] showed that this equation

fits the specific conductivity equally well for molar concentration (mol dm"'') as for

The fitted Casteel-Amis parameters are listed in table 4-19 for each of the electrolyte

systems at 25°C. Data for LiAsF6, LiC104 and LiBF4 were included [23] for

comparison. Experimental points of LiPF6, LiPF6.2DG and LiPF6.PMDETA in TG,

PEO400 and PC are presented in figures 4-6, 4-7 and 4-8, respectively, with Casteel-

Amis fits shown as solid lines. The conductivities of concentrated propylene

carbonate solutions of the LiPF6 complexes were both significantly higher than the

pure LiPF6 salt.

4-18

molality.
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Table 4-19 Casteel-Amis parameters at 25°C for concentrated non-aqueous

solutions of LiPFg, LiPFg.2DG, LiPFg.PMDETA, LiAsFg, LiClCL

and LiBF4, where o is the maximum error.

Solution

Kmax

mScm"1

Cmax

mol dm*3

a b

(mol dm"J)2

G

mScm*1

LiPFg/TG 2.326 0.9924 1.239 -0.2119 0.014

LiPF6.2DG/TG 3.389 1.961 1.242 0.06138 0.016

LiPFg.PMDETA/TG 1.838 1.705 1.236 0.2149 0.014

LiPF6/PE0400 0.6644 0.9087 1.257 -0.1705 0.0029

LiPF6.2DG/PE0400 1.780 3.220 1.232 0.03928 0.003

LiPFg/PC 6.118 0.7873 1.120 0.3253 0.177

LiPFg.2DG/PC 8.602 1.063 0.9729 -0.1693 0.473

LiPFg.PMDETA/PC 8.225 1.166 0.9625 0.08393 0.087

f LiAsFg/PC 6.262 0.709 0.920 -0.177 0.004

1 0.850

r LiClOo/PC 5.421 0.662 0.855 0.08 0.019

1 0.794

f LiBFo/PC 3.715 0.561 0.816 0.177 0.010

: 0.673

f
Taken from reference [23] as a function ofmolality (mol kg'1).

1 Converted to a function ofmolarity.
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These results were in direct correlation with the fitted maximum conductivity values

Knox for each of the PC systems, decreasing in the order LiPF6.2DG (8.60 mS/cm) >

LiPF6.PMDETA (8.23 mS/cm) > LiAsF6 (6.26 mS/cm) > LiPF6 (6.12 mS/cm) >

LiCKTi (5.42 mS/cm) > LiBF4 (3.72 mS/cm). While behaving in a similar manner to

the DG ligand in PC, the PMDETA ligand appears to hinder the mobility of the Li* in

the liquid polyether media at medium to high concentrations, where the fitted

values for each of the polyether systems decreased in the order LiPF6.2DG > LiPF6 >

LiPF6.PMDETA. According to Jasinski [24], the position of the conductivity

maximum may be explained by the variation in shielding of the ions by solvent

molecules or added ligands.

The existence of a conductance maximum may be thought of as the decrease in

conductivity due to restrictions on ion mobility being compensated for by an increase

in conductivity due to the higher charge density. Calculation of the coefficient b

depends on data at concentrations higher than cmax and therefore in a concentration

range not sufficiently wide, adjustment of b may be impossible. The value of b tends

to be small in all systems [22, 25] and has been shown to become more negative in

solvents of decreasing dielectric constant. The coefficient a is mainly controlled by the

lower concentration data and appears to be influenced by the solution viscosity. There

seems to be several reasons for high values of cmax, including weak ion-solvent

interactions, small ionic radii or low solvent viscosity. At concentrations up to ca. 0.1

mol dm"3, specific conductivity is governed by almost the same factors that have been

considered in highly dilute solutions.
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c mol dm'J

Specific conductivity of tetraglyme at 25°C containing (□) LiPF6,

(T) LiPF6.2DG and (O) LiPF6.PMDETA. The fits according to the

Casteel-Amis equation are shown as solid lines.
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Figure 4-7 Specific conductivity of PE0400 at 25°C containing (□) LiPF6,

(T) LiPF6.2DG and (O) LiPF6.PMDETA. The fits according to the

Casteel-Amis equation are shown as solid lines.
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Figure 4-8 Specific conductivity of propylene carbonate at 25°C containing

(□) LiPF6, (▼) LiPF6.2DG and (O) LiPF6.PMDETA. The fits

according to the Casteel-Amis equation are shown as solid lines.
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At higher concentrations the mobility of ions are governed by factors which are not

necessarily accounted for by referring to dilute systems.

Figure 4-9 shows a plot of K tw vs. c/cmax for LiPF6, LiPF6.2DG and

LiPF6.PMDETA in the polyether solvents and propylene carbonate. A similar plot

was also shown by Casteel and Amis [22] for different solutions at varying

temperatures.
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Figure 4-9 Plot of k/jw vs. c/cmax for all electrolytes from this work listed in

table 4-19.
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These authors suggested that the opposing forces acting on the electrolyte at the

point on the conductivity curve where c = cmax and K = jwv are virtually the same for

any electrolyte solution, regardless of temperature and composition. The results

presented here agree well with that idea.

4.5. Conclusions

In low permittivity media, the sharp decrease in molar conductivity at low salt

concentrations suggests that association of free ions to non-conducting ion-pairs is

dominant. A maximum in the molar conductivity in the moderate to high

concentration range gives an indication of the efficiency of the ligand when protecting

the Li cation from association. Evidently, the diglyme (DG) ligand was capable of

shielding the Li" in a similar way as the tetraglyme solvent molecules, while

PMDETA was not. As the molecular weight of the polyether was increased, the

performance of the DG complex improved, relative to the simple salt, suggesting that

the ligand coordination was different from that of the solvent.

In contrast, the association of ions in high permittivity media for the majority of

electrolytes is limited to ion-pairs up to moderate salt concentrations. The overall

association constants decrease in the order LiPF6.PMDETA > LiPF6 > LiPF6.2DG in

propylene carbonate (PC), suggesting that the PMDETA "cage" is not able to protect

the Li cation in a PC environment at low salt concentration.
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The specific conductivity K generally passes through a maximum characteristic of the

salt and solvent. The maximum K values of the Li salts and complexes in polyether

systems decrease in the order LiPF6.2DG > LiPF6 > LiPF6.PMDETA, while in

propylene carbonate fW decreases in the order LiPF6.2DG > LiPF6.PMDETA >

LiPF6.
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CHAPTER FIVE

The Li/Li+ Couple in Polyether Electrolytes

5.1. Introduction

The electrochemical process of lithium deposition and dissolution has an important

place in studies devoted to the development of rechargeable batteries [1], Much work

has already been done on this subject, mainly in liquid aprotic solvents [2-7];

measurements have also been made at liquid and solid mercury electrodes [8, 9],

Lithium deposition from poly(ethylene oxide)-based electrolytes has been mainly

studied at conventional-sized macroelectrodes [10, 11], but since the introduction of

microelectrode techniques, experimental problems in highly resistive media are

routinely overcome allowing much more detailed information on the kinetics and

mechanisms of lithium deposition to be obtained [12], Electrochemical measurements

of lithium deposition at microelectrodes have recently been reported by Farrington et

al [13] from PEG(400) and by Baril et al [14] from solid electrolytes.

In the work described in this chapter, the aim was to determine the kinetics of and

mechanisms for lithium deposition from liquid and solid polyether electrolytes

containing lithium hexafluorophosphate (LiPF6) and novel lithium complexes based

on this salt. It is known that the thermal stability of LiPF6 is low, prompting the

preparation of thermally stable complexes possessing electrochemical properties
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similar to that of the pure salt. The complexes used here are lithium-bis(diglyme)-

hexafluorophosphate (LiPF6.2DG) [15] and lithium-pentamethyl-diethylene triamine-

hexafluorophosphate (LiPF6.PMDETA) [16], both found to be thermally stable

(Chapter 3) and to enhance conductivity in non-aqueous media (Chapter 4).

Tetraglyme and PEO400 are low molecular weight liquid analogues (-CH3

terminated) of the high molecular weight solid poly(ethylene oxide) (PEO).

Poly(methylene ethylene oxide) (PMEO) is a solid polymer of high molar mass which

is amorphous at room temperature. Since ion mobility in the high molar mass

polymers occurs in the amorphous region, which can be thought of as having a liquid¬

like structure at the microscopic level, the results from the systems studied here may

be extrapolated to the high molar mass PEO systems.

5.2. Results and Discussion

5.2.1. Kinetics of the Li/Lf Couple

Figs. 5-1 and 5-2 show voltammograms run at a sweep rate of 10 mV/s at a 25pm

diameter Ni microelectrode vs. Li/Li" in tetraglyme containing LiPF6 and

LiPF6.PMDETA (0.5 mol/kg), respectively. The shapes of the curves for LiPF6 and

LiPF6.2DG are typical for a simple plating and stripping process [17]. That is, on the

forward sweep the current density is very low until a potential is reached where

nucleation of lithium on the nickel surface can take place. The current density then

increases rapidly and continues to increase after the scan is reversed since lithium

reduction now takes place at lithium centres with increasing surface area. The
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deposition process continues until the equilibrium potential of the Li/Li" couple at OV

is reached and this is followed by oxidation of the lithium metal at positive potentials

with a corresponding anodic stripping peak.
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S o
<
E

-12

-0.2 0 0.2 0.4

E/V

Figure 5-1 Cyclic voltammogram of lithium plating and stripping at a 25pm
•t

diameter nickel microelectrode vs. Li/Li from LiPF6 (0.5 mol/kg) in

tetraglyme. Sweep rate u = 10mV/s.

The voltammogram of the LiPF6.PMDETA, however, has a clearly pronounced

cathodic plateau and the position of the zero cross-over potential on the reverse scan

is cathodic of zero volts, indicating that lithium deposition is accompanied by another
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cathodic process. There is no evidence of any other anodic reaction in the potential

range applied. On moving the cathodic sweep limit more positive, the plateau

decreases in size and the zero cross-over point moves towards the OV, indicating that

the accompanying cathodic process occurs negative of -120mV. Voltammetry

experiments were also carried out on PEO400 and PMEO containing the three salts,

all with characteristic plating and stripping voltammograms, shown in Figs. 5-3 and 5-

4, respectively.
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Figure 5-2 Cyclic voltammogram of lithium plating and stripping at a 25pm

diameter nickel microelectrode vs. Li/Li from LiPF6.PMDETA (0.5

mol/kg) in tetraglyme. Sweep rate u = lOmV/s.

137



-3Cyclicvoltammogramsoflithiumplatingandstrippingata25pmdiameternickelmicroelectrodevs.Li/Lifrom(a)LiPF6,(b) LiPF(.2DGand(c)LiPF6.PMDETA(0.5mol/kg)inPEO(400).Sweeprateu=lOmV/s.



12 08 04 00

< £

-0.4 -08 -1.2 -16

-03-0.2-0.10.00.10.20.304 E/V

1.5 I0 0.5 0.0 -0.5 -1.0 -1.5

(a)

(b)

(c) f
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The characteristic parameters are shown in Table 5-1. As can be seen, the stripping

efficiencies obtained in polyether electrolytes, especially in the presence of the

ligands, were lower than those found by Pletcher [6] in THF+DEE electrolytes,

indicating that the deposition/dissolution reaction is more complex. Nucleation

overpotentials decrease in the order LiPF6.PMDETA > LiPF6.2DG > LiPF6 in

tetraglyme, LiPF6.PMDETA > LiPF6, LiPF6.2DG in PEO400 and LiPF6 > LiPF6.2DG

> LiPF6.PMDETA in PMEO. Exchange current values were calculated from the

reverse sweep of the CV curve. Fig. 5-5 shows a typical analysis of the reverse sweep

by non-linear least-squares (NLLS) fitting to the Butler-Volmer equation. To avoid

any possible influence from changes in the surface, the values obtained in this way

were compared with the exchange current densities calculated from a linear

approximation of the Butler-Volmer equation at very low overpotentials, given by

_ RT
nF

f -it \
d[_ 5-1

where I0 is the exchange current density, R is the gas constant, T is the temperature, n

is the number of electrons, F is the Faraday constant, / is the current density and rj is

the overpotential. The I0 values can be ordered in the same way as the overpotentials

suggesting the ligands remain coordinated to the Li" in the liquid systems, requiring

additional energy to form the intermediate for charge transfer.
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(a)Reversesweepand(b)TafelslopesofthevoltammogramforLiPF6/tetraglymeatlOmV/s.Thesolidlinerepresentsthe NLLSfittotheButler-Volmerequation.lQ=1.4mAcm.



Table5-1Someelectrochemicalparametersobtainedata25pmNimicroelectrodevs.Li/Li+bycyclicvoltammetry;sweepratev=10 mYs"',T=298K. ELECTROLYTE

Nucleation

Cathodiccurrent
Exchangecurrent
Transfer

Anodicpeak
Stripping

overpotential

density

density

coefficients

potential

efficiency

atn=0.140V.

(1stcycle)

Solvent

Salt

1)/mV

I/mAcm'2

Io/mAcm'2

(na)A

EPA/mV

%

LiPF6

-85.0

10.26

1.4BV

0.47

153

90

(0.53mol/kg)

1.4l

tetraglyme
LiPF6.2DG

-121

0.100

0.034bv

0.42

147

68.4

(0.50mo('kg)

0.0331'

LiPFfi.PMDETA

-135

1.44

-

-

50.0

>30

(0.46molkg) LiPF6

-110

1.91

0.27IiV

0.40

200

71.8

(0.51molkg)

0.26l

PEO400

LiPF6.2DG

-110

1.6

0.22nv

0.43

95.0

63.4

(0.50mol/kg)

0.161'

LiPF6.PMDETA

-140

-

0.033bv

0.50

130

46.6

(0.49molkg)

0.025l

LiPF6

-175

-

0.12bv

0.43

166

57.8

(1.4molkg)

0.121

PMEO

LiPF6.2DG

-135

0.25

016bv

0.52

155

42.9

(1.4mol/kg)

0.121'

LiPF6.PMDETA

-116

0.15

0.032bv

0.47

170

64.1

(1.7mol/kg)

0.0401'

DVI'alliescalculatedfromNLLSfitofButler-l'olmercur\>e.LLinearpartofCVatlowoverpotentialsusedwithEqn.5-1.



The kinetics were studied further by application of a series of double-potential step

experiments. A layer of lithium metal was deposited by applying a cathodic

overpotential for a specific time, so that the deposition charge passed was ca. 0.5

C/cm2. The potential was then stepped back to a value in the anodic range +50mV to

+300mV. A set of transients for the anodic polarisation of the lithium layer deposited

from LiPF6.2DG/PE0400 is shown in Fig. 5-6.

t /s

Figure 5-6 Anodic polarisation of freshly deposited lithium from

LiPF6.2DG/PEO 400 at a 25pm diameter Ni microelectrode vs.

Li/Li+.
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At each potential, the lithium oxidises at an approximately uniform rate until the layer

is depleted. At more positive overpotentials, the current passes through a peak,

caused by reactivation of the deposit, which increases with overpotential. By plotting

the steady-state polarisation current against overpotential, the anodic Tafel plots are

obtained, shown in Fig. 5-7.
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Figure 5-7 Tafel slopes obtained by the anodic polarisation of freshly deposited

lithium at a 25pm diameter Ni microelectrode vs. Li/Li" from (A)

LiPFr/ tetraglyme, (O) LiPF6.2DG/ tetraglyme, (•) LiPF6.2DG/

PEO(400) and (A) LiPF6/ PEO(400).
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The polarisation currents were taken from the plateau values early in the transients of

experiments of the type illustrated in Fig. 5-6. A Tafel straight line is observed in each

case up to about 250mV. At higher overpotentials, mass transport control dominates

and the currents deviate from the charge-transfer control of the Tafel line. The anodic

charge-transfer coefficients and exchange current densities were determined from the

Tafel slopes and by extrapolating the lines back to the equilibrium potential (0.0V vs.

Li/Li+). The results of this analysis are given in Table 5-2.

Table 5-2 The exchange current density and anodic transfer coefficient for

some polyether lithium electrolytes, obtained from Tafel plots.

ELECTROLYTE I0 /mAcm"2 (hcc)a

LiPF6/ tetraglyme
(0.53 mol/kg) 1.8 0.33

LiPF6.2DG/tetraglyme
(0.50 rnol/kg) 0.42 0.57

LiPF6/PEO(400)
(0.51 mol/kg) 0.24 0.28

LiPF6.2DG/PEO(400)
(0.50 mol/kg) 0.18 0.44

The values obtained generally compare well with those extracted from the

voltammograms (Table 5-1), considering the difference in the methods used.
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5.2.2. Nucleation and Growth

The initial stages of electrochemical phase formations are usually associated with

two- or three-dimensional nucleation processes [18-20] (as described in Chapter 2),

the rate of which and the number of nuclei formed being strongly dependent on the

overpotential applied. Chronoamperometric measurements were found to be

particularly useful in providing an insight into the morphology of the growing deposit

at the electrode surface. Fig. 5-6 represents a set of typical current-transients obtained

for liquid PEO400 containing LiPF6. The double layer charging current effects only

the initial part of the transient. As the electroactive area of the deposit increases, the

current rises and approaches a steady-state value where continuous thickening of the

layer takes place. When the applied potential step is increased, the rise time decreases

and the steady-state current increases. Overall, the transients have the expected

features for a nucleation and growth process. At much longer times (several hundred

seconds) the current again increases with time. A similar transient was observed by

Pletcher [6] in THF, who attributed the feature to the growth of the deposit over the

glass surrounds of the electrode. The increase in surface area may also arise from

dendritic growth of the deposit into the solution. At potentials lower than the

nucleation overpotential (Table 5-1), rising transients were not observed in the time-

scale of the experiments

In table 5-3, nucleation and growth models are listed for the initial rising transients as

functions of f, where n depends on the type of nucleation involved, the geometry of

the new phase and the rate determining step (Chapter 2).

146



Figure 5-8 Current transients for the nucleation and growth of lithium from

LiPF6/PEO(400) at a 25pm diameter Ni microelectrode vs. Li/Li".

Overpotentials applied are indicated in the figure.
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Table 5-3 Types of nucleation and growth processes observed for initial

current transients where I varies with f.

n Nucleation type Geometry Rate determining step

1 instantaneous 2-D cones kinetic

2 progressive 2-D cones kinetic

2 instantaneous 3-D cones kinetic

2 instantaneous 3-D hemispheres kinetic

3 progressive 3-D cones kinetic

3 progressive 3-D hemispheres kinetic

1/2 instantaneous 3-D hemispheres diffusion

3/2 progressive 3-D hemispheres diffusion

Linear / vs. t2 relationships, shown in Fig. 5-9, for the initial transients of

LiPFg/PECMOO (Fig. 5-6) indicate instantaneous nucleation followed by kinetic

controlled growth of hemispheres or cones. Such plots are useful and relatively easy

to prepare, but in some instances they may be interpreted incorrectly. For example,

rising transients that vary with t3/2 and r contain a region of overlap where they

follow the same path. Under these conditions a straight line will be seen for each

model. It was decided that a non-linear least-squares (NLLS) fit was preferable to

straight line plots at short times, since the theoretical models for prolonged transients

could be matched with the experimental curves up to the current plateaux, or maxima,

without the ambiguities associated with the I vs. tn plots of two closely related rising

transients.
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Figure 5-9 1-f plots for the data taken from the initial rising transients of

LiPF6/PE0400 (0.5 mol/kg).

The equations described in Chapter 2 are reduced to their simplest forms and defined

for use in the NLLS fitting of the data presented here as:

/ = a{l -exp(/>r2)}

I =a{\ -exp(ct3)}

5-2

5-3
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for kinetic controlled growth of cones or hemispheres following three-dimensional

instantaneous and progressive nucleation, respectively, where I is the current density

and t is the time; and

for diffusion controlled growth of hemispheres following three dimensional

instantaneous and progressive nucleation, respectively. The parameters a-f are

arbitrary variables that are calculated during the fit.

Fig. 5-10 shows the current transient for LiPF(/PEO400 after stepping the potential

from 0V to -150mV. The solid fitted line represents the model for instantaneous 3-D

nucleation followed by kinetic controlled growth of hemispheres, or cones. The data

obscured by charging current have been removed from the plot. A simulated

progressive nucleation curve is represented by the broken line, clearly showing the

difference between the two models. The set of current-transients for

LiPF6.2DG/PMEO is shown in Fig. 5-11. Again, the current increases with the

electroactive area, but as the diffusion zones of the growing nuclei overlap, maxima

are observed.

5-4

5-5
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Figure 5-10 Current transient at -150mV for LiPF6/PEO(400) at a 25pm

diameter Ni microelectrode vs. Li/Li". The solid line is the NLLS fit

for instantaneous nucleation followed by kinetic controlled growth

of hemispheres or cones. (The broken line shows progressive

nucleation.)
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Figure 5-11 Current transients for the nucleation and growth of lithium from

LiPF6.2DG/PMEO at a 25p.m diameter Ni microelectrode vs.

Li/Li*.

Increasing the overpotential further results in the transient approaching the limiting

current to a planar electrode with the additional flux of the spherical contribution to

the microelectrode (Eqn. 2-24, Chapter 2). The NLLS fit to the I-t transient for

LiPF6.2DG/PMEO at -150mV is shown in Fig. 5-10. The solid line indicates that 3-D

progressive nucleation occurs followed by diffusion controlled growth of

hemispheres.
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Figure 5-12 Current transient at -150mV for LiPF6.2DG/PMEO at a 25pm

diameter Ni microelectrode vs. Li/Lf. The solid line is the NLLS fit

for progressive nucleation followed by diffusion controlled growth

of hemispheres.
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Figure 5-13 Current transient at -200mV for LiPF6.PMDETA/PMEO at a 25pm

diameter Ni microelectrode vs. Li/Li". The solid line is the NLLS fit

for instantaneous nucleation followed by kinetic controlled growth

of hemispheres, or cones.
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The I-l transient of LiPF6.PMDETA /PMEO at -200mV (Fig. 5-13) suggests that

nucleation and growth occurs under kinetic controlled growth in a similar way to that

of LiPF6 in each solvent, as described earlier. The models fitted for the salts and

complexes in each solvent are listed in Table 5-4.

Table 5-4 Type of nucleation and crystal growth obtained at a 25pm diameter

nickel microelectrode vs. Li/Li".

ELECTROLYTE

Solvent

Type of crystal
growth

Nucleation

type
Salt

Goodness-
of-fit

reduced x2

tetraglyme

LiPF6
(0.53 mol/kg)

LiPF6.2DG
(0.50 mol/kg)

LiPF6.PMDETA
(0.46 mol/kg)

3D cones or

hemispheres,
kinetic control

3D hemispheres,
diffusion control

3D hemispheres,
diffusion control

instantaneous 1.3x10
-3

progressive

progressive

-4
1.4x10

3.4x 10

1—

PEO 400

LiPFfi
(0.51 mol/kg)

LiPF6.2DG
(0.50 mol/kg)

LiPF6.PMDETA
(0.49 mol/kg)

3D cones or

hemispheres,
kinetic control

3D hemispheres,
diffusion control

3D hemispheres,
diffusion control

instantaneous 7.7x10
-4

progressive

progressive

4.9x10
-4

+"
LiPFfi
(1.4 mol/kg)

PMEO LiPF6.2DG
(1.4 mol/kg)

LiPF6.PMDETA
(1.7 mol/kg)

3D cones or

hemispheres,
kinetic control

3D hemispheres,
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5.2.3. Lithium Reactivity and Passivation

Fig. 5-14 shows a typical current reversal chronopotentiogram obtained for

tetraglyme containing LiPF6 (0.5 mol/kg) at a Ni microelectrode, where the cathodic

(forward) and anodic (reverse) currents were both 4nA (0.81 mAcm"2).

0 20 40 60 80 100 120

t/s

Figure 5-14 Reverse chronopotentiogram for LiPF6 / tetraglyme at a 25pm

diameter nickel microelectrode vs. Li/Lf, where I^ = lr- 4nA (0.81
-2 . -11-2 -1

mAcm ). Rate of lithium loss k = 4.57 x 10 mol cm s .
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After depositing a layer of lithium under galvanostatic conditions, an anodic pulse

was applied. At the transition time rr, the concentration of the reduced lithium metal

is equal to zero, and the potential rapidly moves toward more anodic values until

another anodic process occurs. The reverse transition time in current reversal

chronopotentiometry (CRC) is therefore characterised by a sudden variation in

potential. If the ratio of the forward time tf to that of the reverse transient zr is close

to unity under these conditions, it is clear that an insoluble product is formed [21, 22]

which is stable in the solvent medium. Any decrease in the ratio tr/tf was taken as an

indication of a following chemical reaction of the lithium deposit, it being assumed

that there is no significant diffusion away from the electrode surface. The charge

density unaccounted for by anodic dissolution, assuming corrosion occurs

continuously from t = 0, is given by

where Iappi is the applied cathodic / anodic current density and Icorr is defined as the

corrosion current density. Eqn. 5-7 can be rearranged to

lappl ■ (tf " T-) Icon ■ (tf "I" Tr) 5-7

1 +

5-8

v

when the ratio lr/tf remains constant at different tf., leading to the rate of lithium

corrosion, given by
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k, = mol cm"2 s"1
F

5-9

Table 5-5 shows the calculated values of the rate of lithium loss kt. It was found that

the rate of lithium loss was generally higher in the presence of the ligands in each of

the liquid solvents in the order LiPF6 < LiPF6.2DG < LiPF6.PMDETA. The

PMDETA complex appears to be more promising in the solid PMEO.

Table 5-5 Rate of lithium corrosion, kt obtained from CRC.

ELECTROLYTE Rate of lithium loss, Iappl

Solvent Salt k/ /mol s~'cnT2 mAcm-2
LiPF6
(0.53 mol/kg)

4.57x 10"11 0.81

tetraglyme LiPF6.2DG
(0.50 mol/kg)

3.03x10-9 0.81

LiPF6.PMDETA
(0.46 mol/kg)

4.83xl0-9 0.81

LiPF6
(0.51 mol/kg)

Oior-HXCO
1

0.81

PEO 400 LiPF6.2DG
(0.50 mol/kg)

1.97xlO-10 0.81

LiPF6.PMDETA
(0.49 mol/kg)

2.03xl0-9 0.81

LiPF6
(1.4 mol/kg)

5.55xl0-9 0.81

PMEO LiPF6.2DG
(1.4 mol/kg)

1.06xl0-8 1.42

LiPF6.PMDETA 7.03x10-9 0.81
(1.7 mol/kg)
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The chronopotentiometric measurements indicated a second anodic transient at E-j/4

= +1.1V vs. Li/Li+. At the same potential, an anodic wave was observed on the CV

curves, as also found by Armand et al [23] with LiN(SC>2CF3)2 / poly(ethylene

oxide) at a stainless-steel electrode. While these authors attributed the peak to

impurities, voltammetry studies on the pure solvents in this work did not reveal such a

peak, indicating that this is a feature of the electrolyte solution containing added

lithium salt. At potentials anodic of OV, a small cathodic peak was observed in the

electrolyte solutions at +0.4V. Pletcher et al [24] also observed this peak in propylene

carbonate containing lithium salts and suggested that the peak resulted from the

underpotential deposition of lithium with a coupled anodic peak at +1V. This

underpotential deposition is thought to result from the reduction of an existing

surface film, such as LiOH, rather than reduction of Li' in solution. A surface film

composed of LiOH may be formed by the reduction of trace water in the presence of

the lithium cations.

One of the most important parameters characterising lithium behaviour is the

coulombic stripping efficiency following periods during which newly deposited metal

is held at open-circuit voltage. Fig. 5-15 shows the I-t transients obtained for such an

experiment from LiPF6.2DG/PE0400. A double-potential step was applied for ca.

200 sec at -135mV, depositing a lithium layer (deposition charge passed was ca. 0.5

C cm"2). A controlled delay between the cathodic and anodic potentiostatic pulses left

the cell on open-circuit before stripping the metal off at +100mV. Fig. 5-16 shows the

coulombic stripping efficiencies vs. time on open-circuit for those electrolyte

solutions examined where stripping under galvanostatic conditions was successful.
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After a period of only 60 s. on open-circuit, the rate of lithium dissolution decreased

in each case, with an associated decrease in stripping efficiency. In Fig. 5-15, the

extent of dissolution remains relatively constant after 240 s., which corresponds to the

invariant stripping efficiency in Fig. 5-16 after this time. In all cases examined the

lithium became protected from further reaction due to passivation by an ionically

conducting layer after a period of time, dependent on electrolyte composition.

0 50 100 150 200 250

t /s

Figure 5-15 Plot of anodic stripping of lithium after time on open-circuit for

LiPF6.2DG/PEO(400).
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Figure 5-16 Plot of coulombic stripping efficiency versus time on open-circuit of

freshly deposited lithium from (A) LiPF6/tetraglyme, (A)

LiPF6.2DG/ tetraglyme, (■) LiPF/ PEO(400), (•) LiPF6.2DG/

PEO(400) and (O) LiPF6.PMDETA/ PEO(400).
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The stripping efficiency was ca. 80% in all LiPF6 solutions without a loss of efficiency

with time, suggesting that a passivating layer is rapidly formed. The deposit plated

from LiPF,3.2DG solutions was relatively unstable, dropping below 50% stripping

efficiency.

5.3. Conclusions

The objective of this study was to assess the electrochemical performance of some

novel complexes of lithium hexafluorophosphate dissolved in polyether media of

increasing molecular weight. The experiments have shown that the use of

microelectrodes in such highly resistive media can produce reliable, undistorted data.

The cyclic voltammetry and potential-step experiments show the kinetics of the Li/Li*

couple to be relatively fast, and that the ligands play an important role in the charge

transfer process and subsequent deposition and dissolution of the metal. Evidently, as

the molecular weight of the polyether increases, the nucleation overpotential required

for deposition of lithium from the PMDETA complex decreases, while from the

simple salt it increases. The Tafel plots in Fig. 5-7 show that in the presence of the

ligands, mass-transport control begins to dominate at lower potentials than with the

simple salt. The voltammograms show that a crystallisation process occurs in each of

the electrolytes, but with varying rates of nucleation resulting in the differences seen

in the lithium stripping efficiencies. Although the efficiency is high for LiPF6 in

tetraglyme, this decreases to values well below 70% in most cases. The performance

of the PMDETA complex shows improvement on moving from liquid PEO400 to
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solid PMEO, while the diglyme complex and simple salt show decreasing efficiencies.

The current-transients following a cathodic potential-step show the obvious

differences in the growth mechanisms and rate determining step for the

electrodeposition process. In particular, diffusion to the electrode surface is certainly

an important factor with the complexed lithium ion. The stripping efficiencies

obtained from double potential-step experiments indicate that the lithium becomes

passivated after only a few minutes and protected from further corrosion. Differences

between the stripping efficiencies obtained between the potential-step and CV

experiments may be attributed to the differences in the type of deposit formed. The

poor dissolution behaviour observed may be due to dendritic or needle-like deposits

which are unavailable for anodic dissolution. In a real battery design, however,

construction is such that growth of the deposit is restricted, hence reducing the

likelihood of dendrite formation, which may result in improved charge/discharge

cycling behaviour.
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CHAPTER SIX

The Li/Li+ Couple in Propylene Carbonate

Electrolytes and Poly(methyI methacrylate) Gels

6.1. Introduction

Development of a polymer electrolyte rechargeable lithium battery has remained a

challenge since the discovery of conducting films of lithium salts in poly(ethylene

oxide) in the 1970's [1, 2], Such lithium polymer electrolytes have poor ambient

temperature conductivities, generally in the range 10"7 - 10"8 Scm"1 [3], The gelled

electrolyte alternative consists of a solid phase where a liquid electrolyte is

immobilised by a polymer matrix offering liquid-like conductivity. By varying the

amount of added polymer, the viscosity of the gel may be altered to provide

mechanical properties similar to that of the solid polymers, while maintaining liquid¬

like electrical behaviour [4-7], However, high conductivity alone is not sufficient for

an electrolyte to be accepted for rechargeable battery applications, but the

electrode/electrolyte interface and kinetic factors must also be considered.

Propylene carbonate (PC) has been used for many years as a component for liquid

rechargeable lithium batteries [8], Recently, gelling agents such as poly(acrylonitrile)

(PAN) and poly(methyl methacrylate) (PMMA) have been added to lithium

electrolyte solutions containing PC as a main component [4-7, 9-14], While many

electrochemical studies have been made on propylene carbonate electrolytes at
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conventional sized electrodes [15, 16] and microelectrodes [17, 18], very little work,

other than on transport properties, has been performed on gels [13, 14]. Work

presented here will attempt to provide an insight into the electrochemical kinetics and

mechanisms for lithium deposition at a microelectrode of some novel lithium

complexes dissolved in propylene carbonate and gelled with PMMA. Lithium

hexafluorophosphate (LiPF6) is compared with the complexes lithium-bis(diglyme)

hexafluorophosphate (LiPF6.2DG) [19] and lithium-(pentamethyl-diethylene-triamine)

hexafluorophosphate (LiPF6.PMDETA) [20, 21], Both complexes have been

proposed as possible alternatives for LiPF6 as useful electrolytes which have

improved thermal stability (Chapter 3) and higher conductivities in non-aqueous

solution (Chapter 4). Similar studies on these systems have been performed at a

microelectrode in liquid and solid polyether media (Chapter 5) [22],

6.2. Experimental

Propylene carbonate was purified, poly(methyl methacrylate) dried and the electrolyte

solutions prepared using the procedures described in Chapter 3. The molal lithium

concentrations for PC solutions were 0.53 mol/kg for LiPF6 and 0.50 mol/kg for

LiPF6.2DG and LiPFg.PMDETA. PMMA gels were then prepared by dissolving

approximately 30wt% PMMA into the PC solutions and heating to 80-90°C, while

stirring, until dissolved. The resulting gelled compositions were LiPF6 (5.23)/PC

(64.77)/PMMA (30.00), LiPF6.2DG (13.46)/PC (56.54)/PMMA (30.00) and

LiPF6.PMDETA (11.42)/PC (58.58)/PMMA (30.00). A two-electrode micro-
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electrode configuration was used during all experiments with a low-pass filter applied

at all times. All electrochemical micro-cells were used as described in Chapter three.

6.3. Results and Discussion

6.3.1. Ligand Binding

The binding of the ligands to the lithium ion once the complex has been dissolved in

propylene carbonate may be identical to a solution prepared from the pure salt with

ligand added separately. The latter is considered to be a binary mixture. The two

components of the binary solvent mixture compete for solvation of the Li" cation. If

diglyme is added to a propylene carbonate solution containing lithium ions, a change

in 7Li NMR chemical shift may indicate preferential coordination by the ether-oxygens

of diglyme. The observed chemical shift may be defined as [23, 24]

Sobs = XLi-PC Spi-PC + Xu-DG $Li-DG

= ( 1-XU.dg) &U-PC + XU.DG SU-DG

= 8l,-PC + Xu-dg (Sli-dg - Su-pc) 6-1

Where xu-dg is the mole fraction of 7Li+ coordinated by diglyme, 80bs is the observed

chemical shift, 5u-pc and 5u-dg are the shifts attributed to 7Li" solvated by PC and

diglyme, respectively. This treatment assumes that the observed chemical shift is

simply the fast exchange weighted average of the species involved: an initial state

characterised by a chemical shift 8a, a final state with chemical shift 8b and an
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intermediate whose chemical shift is assumed to be simply the mean 80bs = \/2(8a+8b)

rather than the combination of all intermediates involved in the interconversion.

Table 6-1 lists the 7Li chemical shifts of PC solutions containing LiC104 upon

successive additions of diglyme, while maintaining the concentration of Li+ at ca. 0.2

mol kg"1 in each solution. Rearranging Eqn. 6-1 gives

J 8 obs~8 Li-PC I
xLi-DG = 1 f 6-2VO Li-DG~0 Li-PC)

Table 6-1 Variation of 7Li NMR chemical shift on increasing mole fraction of

added diglyme.

Mole fraction of diglyme added, x(DG) 7Li chemical shift /ppm

0 -0.396

5.40 x 10"3 -0.591

3.67 x 10"2 -0.737

7.23 x 10"2 -0.806

1.29 x 10"1 -0.846

2.43 x 10"1 -0.886

2.50 x 10"1 -0.883

The mole fractions of 7Li+ bound by diglyme ligands were calculated according to

Eqn. 6-2. Figure 6-1 shows a plot ofxu-dg against mole fraction of diglyme added. As

expected, even at very low concentrations the ether oxygens coordinated rapidly to

the lithium ions. After occupying the primary solvation sphere the rate of lithium
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binding decreases as higher order shells are filled. This result suggests that addition of

a ligand such as diglyme preferentially coordinates to Lf in a PC solution. Upon

dissolution of the complexes, Lf-ligand coordination appears to remain intact on a

time-averaged scale. It has been shown [25] that addition of LiC104 to PC caused a

change in PC carbonyl bond stretch from vco= 1793cm"1 to Vco~ 1774cm"1, and on

addition of tetraglyme (TG:LiC104 = 50:50 wt%), vCo returned to 1791cm"1,

implying few PC molecules were complexed to the Li+. This would indicate that the

effect of the ligands in the PC/complex solution can be duplicated by adding the

ligand to a solution of the simple salt. However, for salts such as LiPF6 and LiBF4 the

thermal stability and purity of the isolated electrolyte can only be controlled by

synthesising the stoichiometric complex.

to

0.8

S 0.6
I

0.4

0.2

0.0

0.00 0.05 0.10 0.15 0.20 0.25 0.30

molefraction DG added, X(DG)

Figure 6-1 Variation of 7Li+ bound by ether-oxygens upon successive additions

of diglyme.
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6.3.2. Solvent Characterisation

Pure solvents without added electrolyte may be characterised using microelectrodes

undistorted by iR drop effects. Several workers have previously studied the propylene

carbonate system, suggesting that solvent reduction occurs cathodic of+1V vs. Li/Lf

[26-28]. Figure 6-2 shows voltammograms at a 25pm diameter Ni microelectrode

(sweep rate = 200 mV/s), with different starting directions of PC distilled in our

laboratory. On sweeping cathodically initially (a), no cathodic process was evident

and at -5V the current density was less than ImAcmf2. Similar results were obtained

at 10pm and 25pm diameter Pt microelectrodes. This confirms the idea suggested by

Pletcher et al [17] that the cathodic peak seen by others at +1V is attributed to

reduction of trace water or some reaction product of the water with PC. Campbell et

al [27] have shown that with a water content of <15 ppm a cathodic wave still exists.

It may be assumed that the water content of our PC is well below the detectable

range. A small anodic peak is observed commencing at +2V due to nickel oxide

formation. Anodic breakdown of PC started at +4.5V at Ni, more than IV lower than

at Pt, agreeing well with previous literature values [17],

Sweeping anodic to +6V initially (b), resulted in a cathodic wave in the return sweep

commencing at +2V, which did not exist when the anodic limit was lowered to +3V.

This can be attributed to the reduction of the oxidation products formed during

anodic breakdown. Again, at the cathodic limit the current density was very low.

Figure 6-3 shows voltammograms recorded for a Ni microelectrode in pure PC gelled

with PMMA (30 wt%).
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E/V vs. Li/Lf (1M)

Figure 6-2 Cyclic voltammograms for distilled PC at a 25p.m diameter Ni

microelectrode vs. Li/Li". Initial sweep direction is (a) cathodic and

(b) anodic. Sweep rate = 200 mV/s.
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E /V vs. Li/Li+ (1M)

Figure 6-3 Cyclic voltammograms for PC/PMMA(30wt%) at a 25(am diameter

Ni microelectrode vs. Li/Li+. Initial sweep direction is (a) cathodic

and (b) anodic. Sweep rate = 200 mV/s.
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On sweeping cathodic initially (a), a cathodic current flowed possibly as a result of

PMMA reduction or that of trace water from the polymer. As in pure PC, a peak

corresponding to nickel oxide formation was observed above +2V followed by anodic

breakdown of the solvent. A difference occurred on sweeping anodically first (b). The

reduction wave observed in curve (a) was not seen in curve (b), suggesting that if

trace water was the cause of the breakdown then all of it was used in the formation of

the oxide film and/or was involved with the electrochemical process during anodic

breakdown of the solvent. The higher currents at the anodic limit of curve (b) may

provide further evidence for this.

6.3.3. Potentials Positive ofBulk Lithium Deposition

On adding a lithium electrolyte to the solvents a quite different I-E response was

observed at potentials positive of OV vs. Li/Li". Figure 6-4 shows three cycles of a

typical voltammetric response for the lithium/PC and gelled electrolytes over a

potential range of +2.5V to OV at Ni. In the first cycle several peaks were observed

during the cathodic sweep at (a) +1.44V, (b) +1.39V, (c) +0.59V and (d) +0.33V.

The anodic scan reveals two peaks at (e) +0.92V and (f) +2.07V. Peak (a) has been

shown by others [13, 17] to be due to trace water reduction, evidently introduced by

the added electrolyte. Koch et al [28] showed that the reduction of the AsF6" anion

occurred ca. +1V suggesting the possibility of the PF6~ anion breakdown

corresponding to peak (b). Peaks (c) and (d) have been attributed to the

underpotential deposition (UPD) of lithium from an insoluble lithium hydroxide layer

formed at the surface of the electrode [17, 29], Peak (e) seems likely to correspond to
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the stripping of lithium from such an UPD layer, or from a lithium-nickel alloy also

formed during the cathodic sweep. Reversing the sweep direction at +0.8V, before

the onset of UPD and alloy formation, results in the absence of peak (e) confirming

the correlation between the two processes. Cathodic peaks in the range +0.6V -

+0.3V with a coupled anodic peak have also been observed in polyether systems [22],

Figure 6-4

0.0 1.0 2.0 3.0

E/Vvs. Li/Li+

Cyclic voltammogram of LiPF6.PMDETA/PC/PMMA(30 wt%) at a

25pm diameter Ni microelectrode vs. Li/Li\ Sweep rate = 10 mV/s.
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Nickel-oxide formation results in peak (f), as seen in the pure solvent systems.

Further cycles indicate that the water content has greatly diminished with a

corresponding decrease in peaks (c), (d) and (e) as the LiOH layer becomes thinner. It

appears that as the water content of the electrolyte increases, the amount of lithium

available for UPD from a surface layer also increases and the corresponding

voltammetry peaks become more pronounced.

6.3.4. Kinetics of the Li/LC Couple

Figs. 6-5 shows voltammograms of (a) LiPF6 (0.5 mol/kg) and (b) LiPF6.2DG in PC

at a 25pm diameter Ni microelectrode vs. Li/Li", recorded between +0.5V and -0.2V

at lOmV/s. In each case the current density is very low until a sufficient overpotential

has been reached for lithium nucleation to take place. The current then increases

rapidly as growth of the lithium deposit occurs. This deposition process continues

until the equilibrium potential at 0V has been reached, after which point oxidation of

the freshly deposited lithium layer proceeds with a corresponding anodic stripping

peak. The current densities obtained are comparable with those obtained by Pletcher

and co-workers [18] for LiAsF6 in propylene carbonate. The LiPF6.PMDETA

complex in PC seems to produce much lower current densities - in the same order of

magnitude as in solid polyethers (Chapter 5). Fig. 6-6 shows multi-cycle

voltammograms for LiPF6.PMDETA/PC (0.5 mol/kg). The first cycle suffers from the

reduction of water and subsequent hydroxide layer formation. As UPD occurred the

electrode surface became prepared for successive cycles and the stripping efficiency

increased from 29.9% in the first cycle to 97.3% in the third.
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Lithium plating and stripping was also performed on 30wt% PMMA gels containing

the three electrolytes. The I-E response for each system is shown in Fig. 6-7 (a-c)

swept between +0.5V and -0.3V at lOmV/s. The characteristic parameters of each

electrolyte in both PC and PMMA gels are listed in Table 6-2.

The stripping efficiencies decreased in the order LiPF6 (77%) > LiPF6.2DG (65%) >

LiPF6.PMDETA (30%) for the first cycle in propylene carbonate, while the gels

decreased in the order LiPF6.2DG (75%) > LiPF6 (61%) > LiPF6.PMDETA (26%).

These values in PC are comparable with those obtained in other lithium systems [18].

On moving the cathodic limit to -0.5V (Fig. 6-8), the ratio of lithium stripped to

plated increased in each case to LiPF6.2DG (81%) > LiPF6 (80%) > LiPF6.PMDETA

(40%). This would suggest that a passivating layer formed by corrosion of freshly

deposited lithium is of finite thickness. As the lithium layer becomes thicker the

quantity of lithium used to form this layer becomes less significant relative to the

quantity deposited.
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Table6-2Someelectrochemicalparametersobtainedata25pmNimicroelectrodevs.Li/Li+bycyclicvoltammetry;sweepratev=10 mVs,T-298K. ELECTROLYTE

Nucleation overpotential
Cathodiccurrent density

atrj=0.2V.
Exchangecurrent density

Transfer coefficients
Peakpotentials
Stripping efficiency (1stcycle)

Solvent

Salt

rj/mV

7/mAcm"2

Io/mAcm"2

(na)A

Ep/mV

%

LiPF6

103

18.5

1.06BV

0.48

203

77.0

(0.5mol/kg)

1.21L

PC

LiPF6.2DG (0.5mol/kg)

103

31.5

2.34BV 0.901L

0.53

151

65.0

LiPF6.PMDETA

91.0

0.654

0.042BV

0.45

224

29.9

(0.5molkg)

0.041L

LiPF6

107

0.593

0.0290BV

0.53

274

60.6

(0.5mol/kgPC)

0.0377L

PC/PMMA

LiPF6.2DG

115

0.782

0.0579BV

0.50

274

75.3

30wt%

(0.5mol/kgPC)

0.0622L

LiPF6.PMDETA

120

1.43

>

o

m

o

0.59

155

26.4

(0.5molkgPC)

0.138Ij

Bl'1'ohiescalculatedfromaNLLSfittoButler-l'olmercurve.LLinearpartofCVatlowoverpolentials.



The efficiencies observed in these gels are higher than those seen by Scrosati et al

[13] in PC/EC/PAN gels at a large nickel electrode. Nucleation overpotentials

decrease in the order LiPF6, LiPF6.2DG > LiPF6.PMDETA in PC and

LiPF6.PMDETA > LiPF6.2DG > LiPF6 in the PMMA gels. This reversal of order

from PC to gel suggests that the polymer interacts with the cation and more

significantly with the complexed cation. However once the appropriate overpotential

has been reached the rate of deposition was more rapid with each of the complexes

than with the simple salt. Exchange current densities were calculated from non-linear

least-squares (NLLS) fitting of the reverse sweep of the voltammograms to the

Butler-Volmer equation. Figs. 6-9 and 6-10 show typical NLLS fits to (a) the reverse

sweep and (b) the Tafel slopes of the voltammograms for LiPF<>/PC and

LiPFe/PC/PMMA, respectively. The exchange current densities determined in this

way were compared with those obtained from a linear approximation to the Butler-

Volmer equation at very low overpotentials, defined previously in Chapter 5 (eqn. 5-

1) [22],
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Figure6-9(a)Reversesweepand(b)TafelslopesofthevoltammogramforLiPF6/PCatlOmV/s.ThesolidlinesrepresenttheNLLSfitto theButler-Volmerequation.



Figure6-10(a)Reversesweepand(b)TafelslopesofthevoltammogramforLiPFf/PC/PMMAatlOmV/s.Thesolidlinesrepresentthe NLLSfittotheButler-Volmerequation.



The kinetics of the Li/Li* couple were studied further by applying a series of

potential-step experiments. A cathodic potential step was applied, passing ca. 0.5

C/cm2 of charge, to deposit a layer of lithium. The potential was then stepped to an

anodic potential in the range +75mV to +300mV. A set of transients for the anodic

polarisation of a freshly deposited lithium layer from LiPF<s/PC is shown in Fig. 6-11.

Figure 6-11

0 100 200 300 400 500

t/S

Anodic polarisation of deposited lithium from LiPF6/PC at a 25pm

diameter microelectrode vs. Li/Li+.

After application of the anodic step the lithium oxidises at an approximately uniform

rate until the layer is depleted. Reactivation, or pitting, of the deposit at higher

overpotentials results in the current transient passing through a peak. By varying the

186



cathodic deposition potential over the range -75mV to -400mV and applying for 5

sees., the current transients reach steady state plateaux corresponding to thickening of

the lithium layer. The steady-state current plateau from each of the polarisation

curves can be used to construct the Tafel plot. The Tafel plots for the PC solutions

and PMMA gels are shown Figs. 6-12 (a) and (b), respectively. Straight lines are

observed in each case corresponding to charge-transfer control. Deviations from the

Tafel slopes at very low overpotentials indicate the lower limit to which the limiting

form of the Butler-Volmer expression can be used. Where mass transport control

dominates the currents deviate from the Tafel line at very high overpotentials. The

transfer coefficients and exchange current densities were determined from the slopes

and intercept of the lines extrapolated to the equilibrium potential.

Table 6-3 The exchange current densities and transfer coefficients for PC and

PMMA gelled electrolytes, obtained from Tafel plots.

ELECTROLYTE h, /mAcm"2 (na)c (na)A
Solvent Salt

LiPF6 L08 0d4 0.24

PC LiPF6.2DG 2.82 0.29 0.36

LiPF6.PMDETA 0.146 0.19 0.29

~

LiPF6 0.134 022 0.24

PC/PMMA LiPF6.2DG 0.0700 0.26 0.37

LiPF6.PMDETA 0.483 0.13 0.39
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Table 6-3 lists the results of this analysis. Taking into consideration the different

method for lithium deposition, the values obtained compare well with those

determined from voltammetry data.

6.3.5. Nucleation and Growth of the Lithium Deposit

Any electrochemical phase transformation generally involves either two- or three-

dimensional nucleation processes during the early stages [29, 30] (as described in

Chapter 2). The number of nuclei and rate of formation is strongly dependent on the

overpotential applied. Chronoamperometry involves the application of a potential-

step while recording the current transient, which can provide an insight into the

morphology of the deposit growing at the electrode surface. Fig. 6-13 shows a set of

experimental current transients for propylene carbonate containing LiPF6.2DG (0.5

mol/kg). As the electroactive area of the deposit grows, the current rises and

approaches a steady state value where continuous thickening of the layer takes place.

On increasing the potential-step the lithium is deposited at a higher rate and the rise

time to the steady-state plateau decreases. The general appearance of the I-t

transients have the features of a three-dimensional nucleation and growth process. At

longer time scales the current rises once more indicating a further increase in the

surface area, likely to be due to growth of the deposit over the glass surrounds of the

microelectrode [32], At potential-steps lower than the nucleation overpotentials listed

in table 6-2 rising transients were not observed on the experimental time-scale. The

initial rising transient follows a function of t", where n depends on the type of
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nucleation, the geometry of the nuclei and the rate determining step of nuclei

incorporation into a growing cluster.

100 200 300 400 500

t /ms

Current transients for the nucleation and growth of lithium from

LiPF6.2DG/PC (0.5 mol/kg) at a 25pm diameter microelectrode vs.

Li/Li". The overpotentials applied are indicated in the figure.

Figure 6-13
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It has been shown previously (Chapter 5) that non-linear least-squares fits to

prolonged current-transient expressions were preferable over a simple linear fit of the

rising section to the appropriate function of t. The equations describing three-

dimensional nucleation can be simplified, as shown before (Chapter 5), to

I = a\\ -exp(&t2)} 6-3

I -a{ 1 - exp(c t3)} 6-4

for kinetic controlled growth of cones or hemispheres following three-dimensional

instantaneous and progressive nucleation, respectively, where / is the current density

and t is the time; and

/ =-yj{l-exp(ef)} 6-5

I = ^{1-exp(/r)} 6-6

for diffusion controlled growth of hemispheres following three dimensional

instantaneous and progressive nucleation, respectively. The parameters a-f are

arbitrary variables that are calculated during each fit. Fig. 6-14 shows the NLLS fit at

each potential as solid lines, clearly indicating the close correlation between the

experimental data and the model for instantaneous nucleation followed by kinetic

controlled growth of cones or hemispheres.
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0 50 100 150 200 250 300

t ms

Figure 6-14 Current transients at various overpotentials for LiPF6.2DG/PC at a

25(am diameter microelectrode vs. Li/Li". The solid lines indicate

NLLS fits for instantaneous nucleation followed by kinetic

controlled growth of cones or hemispheres.
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Figure 6-15

0 20 40 60 80 100 120 140

t /ms

Current transient at -225mV for LiPF^/PC at a 25 pm diameter

microelectrode vs. Li/Lf. The solid lines indicates the NLLS fit for

instantaneous nucleation followed by kinetic controlled growth of

cones or hemispheres. The broken line represents progressive

nucleation.

The clear difference between the instantaneous and progressive nucleation models is

seen in Fig. 6-15 for LiPF6 in PC at a potential step of -225mV. A simulation of

progressive nucleation followed by kinetic controlled growth is indicated by the

broken line.
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Figure 6-16

0 1 2 3 4 5

t/s

Current transient at -200mV for LiPF6.2DG/PC/PMMA at a 25gm

diameter microelectrode vs. Li/Li*. The solid lines indicates the

NLLS fit for instantaneous nucleation followed by kinetic

controlled growth of cones or hemispheres.

The current transients for the gels suffer from large charging currents which distort

the I-t curves during the early stages. This results in a difficult analysis and relies on

well formed transients after decay of the charging current. A typical curve is shown in
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Fig. 6-16 for the deposition of lithium from LiPF6.2DG/PC/PMMA with the

corresponding NLLS fit.

All the electrolytes, in both PC and PC/PMMA gels, appear to undergo instantaneous

3-D nucleation followed by kinetic controlled growth. In some cases, at very high

overpotentials, the transients pass through a peak before reaching their steady-state

values. This is most likely due to a contribution of linear diffusion, similar to that seen

at a conventional sized electrode, since a pure hemispherical diffusion zone does not

exist on the time-scale of the experiments at a 12.5 pm radius micro-disk.

6.3.6. Lithium Reactivity and Passivation

A typical current reversal chronopotentiogram is shown in Fig. 6-17 obtained from

LiPF6.2DG/PC/PMMA at a Ni microelectrode, where the applied cathodic (forward)

and anodic (reverse) currents were both 4nA (0.81 mAcm"2). Current reversal

chronopotentiometry (CRC) involves the application of a galvanostatic cathodic pulse

for a time // to deposit a layer of lithium at the nickel surface before reversing the

pulse. On application of the anodic pulse the lithium is uniformly stripped until the

surface concentration becomes zero, and the potential moves rapidly positive until

reaching an other anodic process. The time taken to reach completion of lithium

oxidation is termed the reverse transition time tr. The ratio xr /tf provides a useful

means of determining galvanostatic stripping efficiencies, and any departure of this

ratio from unity indicates a following chemical reaction of the lithium [33, 34],

assuming there is no significant diffusion away from the electrode surface.
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t/s

Figure 6-17 Current reversal chronopotentiogram for LiPF6.2DG/PC/PMMA at

a 25pm diameter microelectrode. //= ir = 4nA (0.81 mAcm"2).

The effect of electrode passivation may be established by applying a series of CRC's

without repolishing the electrode between cycles. Fig. 6-18 shows (a) a multi-cycling

E-t transient for LiPF6/PC, and (b) a plot of the calculated current efficiencies against

cycle number for the propylene carbonate solutions. In each case the efficiency

increases after the first cycle, suggesting that a significant quantity of lithium is used

to prepare the nickel surface via anodic film and lithium-nickel alloy formation.
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Figure 6-18 (a) multicycling chronopotentiogram for LiPFe/PC at a Ni

microelectrode. (b) Current efficiencies vs. cycle number for PC

containing (•) LiPF6, (□) LiPF6.2DG and (A) LiPF6.PMDETA.

tf= 60 sees., i/= ir = 4nA (0.81 mAcm"2).
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Successive cycles for LiPF6 show that after reaching ca. 76% stripping efficiency, the

quantity stripped begins to decrease steadily after the 4th cycle to 63% in the 9th,

indicating passivation or loss of lithium. The LiPF6.PMDETA efficiency increases

rapidly to over 78% in the 4th cycle, remaining approximately constant thereafter.

After increasing to 58% after the 1st cycle, the efficiency of stripping from

LiPF6.2DG decreased to a steady value of ca. 55% after cycle 5. When gelled, the

performances of LiPF6 and LiPF6.2DG improved significantly to above 90% stripping

efficiency, while the LiPF6.PMDETA complex remained below 70%.

The corrosion current Icorr was determined as before (Chapter 5) using

Icorr 7appl"
tf-Tr
Jf + Tr,

1-

= /,appl "
V <f)

V tf

6-7

where Iappi is the applied cathodic / anodic current density, when the ratio xr/tf remains

constant at different tf, leading to the rate of lithium corrosion, given by

, 1corr i-2-l s- oki = mol cm s 6-8
F

Table 6-4 shows the calculated values of the rate of lithium loss kt. In general, the rate

of lithium loss was significantly lower with the gels than with the liquid PC.
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Table 6-4 Rate of lithium corrosion, kt obtained from CRC.

ELECTROLYTE Rate of lithium loss, lappl

Solvent Salt k, /mol s"'cm"2 mAcnr2

LiPF6 1.06 x 10-9 0.81

PC LiPF6.2DG 2.21 x 10"9 0.81

LiPF6.PMDETA 9.93 x 10-10 0.81

LiPF6 3.50 x 10-10 0.81

PC/PMMA LiPF6.2DG 4.35 x 10"10 0.81

LiPF6.PMDETA 1.73 x 10-9 0.81

It has been generally accepted that lithium is unstable in the presence of propylene

carbonate solutions, forming insoluble films at the surface of the lithium, the

composition of which can be electrolyte dependent [35, 36], This passivation

behaviour of the freshly deposited lithium was investigated by the measurement of the

coulombic stripping efficiencies following periods on open-circuit. A double

potential-step was applied in each case to deposit a lithium layer (charge passed was

ca. 0.5 C/cm2). A controlled delay between the cathodic and anodic pulses allowed

the cell to rest at open-circuit before stripping the lithium off the electrode at +150

mV. Fig. 5-19 shows a plot of the coulombic stripping efficiencies vs. time on open-

circuit for all prepared electrolytes. The efficiencies of LiPF6/PC and LiPF6.PMDETA

/ PC remained steady at ca. 80% and 35-40%, respectively, indicating that any surface

films formed were done so rapidly.
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Figure 6-19 Plot of coulombic stripping efficiency vs. time on open-circuit of

freshly deposited lithium from (•) LiPF6 / PC, (■) LiPF6.2DG /

PC, (A) LiPF6.PMDETA / PC / PMMA, (O) LiPF6 / PC / PMMA,

(□) LiPF6.2DG / PC / PMMA and (A) LiPF6.PMDETA / PC /

PMMA.
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The profile of the LiPF6.2DG/PC plot, however, indicates continuing reaction of the

deposited lithium using the majority of the available deposit suggesting that the film

was either soluble in the solvent medium or extremely thick. The passivating nature in

the LiPF<s/PC/PMMA. gel was found to be similar to that in PC, but here the stripping

efficiency increased to ca. 92%. The diglyme complex appeared to be more stable in

the gel, with stripping efficiencies around 80% and stable over a longer period. This

highlights the considerable differences between the passivating films formed in both

solvent media. Although the efficiency of the PMDETA complex in the PC/PMMA

gel was initially ca. 60%, growth of the passivating film reduces this value to about

40%, similar to its performance in PC. This may be simply showing the difference in

the rates of growth of essentially similar films.

6.4. Conclusions

Although trace impurities such as water will be a common feature in the manufacture

of real battery electrolytes, it is important to identify the role played by such

contaminants. Evidence given here for the cathodic stability of ultra-pure propylene

carbonate at a nickel microelectrode, without added electrolyte, confirms the

suspicions of Pletcher [17] that the cathodic wave or peak observed by others [25-27]

is more than likely due to the presence of water and/or oxygen. Voltammetry studies

at potentials anodic of bulk lithium deposition revealed several peaks thought to be

due to the underpotential deposition of lithium by reduction of an existing lithium

hydroxide layer.
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The cyclic voltammetry and potential-step experiments show the kinetics of the Li/Li+

couple to be fast in both propylene carbonate and propylene carbonate gelled with

poly(methyl methacrylate). The ligands evidently play an important role by increasing

the currents observed in both PC and the gels. The CV's clearly show that a

crystallisation process occurs in each case at the nickel microelectrode surface with

varying deposition rates, resulting in different stripping efficiencies, all well below

80%. Chronoamperometry measurements showed that all the systems essentially

follow the same three-dimensional nucleation and growth models, although the gels

not surprisingly appear to suffer from large charging currents during the early stages

of the transients due to their high viscosity. Galvanostatic and double potential-step

experiments indicate that the LiPF6 / PC / (30wt%) PMMA and LiPF6.2DG / PC /

(30wt%) PMMA gels have high stripping efficiencies above 90%. The high viscosity

of these gels may be sufficient to hinder dendritic growth, normally present in the

liquid cell where growth of the deposit has more freedom, thus making more lithium

available for electrochemical oxidation. The differences between the stripping

efficiencies obtained by cyclic voltammetry, chronopotentiometry and potential-step

experiments may be attributed to the morphology of the deposit caused by variations

in deposition rate. In cases where stripping was inefficient, the deposit may consist

largely of dendrites or needles which are unavailable for anodic dissolution.
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CHAPTER SEVEN

Ion Association: A Molecular Modelling Perspective

7.1. Introduction to Molecular Modelling

Although it is general, the Schrodinger equation describing a molecular system is too

complex for any practical use, so approximations are made. Since the electrons are

several thousand times lighter than the nuclei and therefore move much faster, Born

and Oppenheimer [1] proposed the now well known approximation: the motion of the

electrons can be decoupled from that of the nuclei, giving two separate functions.

The first of these functions describes the electronic motion and depends only on the

positions of the nuclei and defines an energy E, which is a function of only the

coordinates of the nuclei, called the potential energy surface; the second function

describes the motion of the nuclei on this potential energy surface. The empirical fit to

the potential energy surface is the forcefield [2, 3],

The forcefield defines the coordinates used, the mathematical form of the equations

involving the coordinates, and the parameters adjusted in the empirical fit of the

potential energy surface. The forcefields commonly used for describing molecules

employ a combination of internal coordinates (bond distances, bond angles and

torsions) to describe the bond part of the potential energy surface, and interatomic

distances to describe the van der Waals interactions between atoms. The aim of a

forcefield is to describe entire classes of molecules with reasonable accuracy.
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Together with the actual coordinates of a chosen molecule, the forcefield data allows

the creation of an energy expression, or target function, for that molecule. This

energy expression is the equation which describes the potential energy surface of a

particular molecule as a function of its atomic coordinates.

Molecular mechanics is a technique which ignores the time evolution of a system and

instead explores the potential energy surface for geometries and their associated

energies that are stable points on the surface, or other static properties; this means

finding a point in the configuration space where the net force on each atom vanishes.

Therefore, by simply minimising the energy, stable conformations can be identified.

Minimised structures, in a sense, represent the underlying configurations about which

fluctuations occur during dynamics and, as such, provide a meaningful basis for

structural analysis [3, 4]

7.2. General Minimisation Strategy

Minimisation of a molecule is done in two steps [5]: first, an equation describing the

energy of the system as a function of its coordinates must be defined and evaluated

for a given conformation. Target functions may be constructed that include external

restraining terms to bias the minimisation, in addition to the energy terms; next, the

conformation is adjusted to lower the value of the target function. A minimum may be

found after one adjustment or may require many thousands of iterations, depending

on the nature of the algorithm, the form of the target function and the size of the

molecule. The efficiency of the minimisation therefore depends on both the time
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needed to evaluate the target function and the number of structural adjustments

needed to converge on the minimum.

The simplest case of a pure quadratic function in two dimensions is presented here.

Most minimisation algorithms assume that the energy surface is approximately

harmonic. Even for non-harmonic surfaces, the shape of the surface becomes

harmonic in the limit of convergence to the minimum. The target function used here is

an elliptical surface in two dimensions described by Eqn. 7-1:

E(.*,y) = x2 + 5„v2 7-1

Every minimisation begins with some equation analogous to Eqn. 7-1. In addition to

an equation defining the energy surface, a starting set of coordinates for (x, y) must be

provided.

x

Figure 7-1 Energy contour surface of a simple 2-D function.
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Figure 7-1 shows a contour plot of the energy E in the (x, yj plane. Each ellipse is

spaced two energy units apart and represents a locus of points having the same

energy. The minimum of this simple function is seen to be the origin at x = 0, y = 0.

Given a target function that defines the energy surface and an initial starting point, a

minimiser must determine both the direction towards a minimum and the distance to

the minimum in that direction. An initial direction can be taken simply as the slope or

derivatives of the function at the current point. There is a direct proportionality of the

derivatives with the coordinates, therefore the further the point is from the minimum,

the larger the derivatives. A minimisation has converged when the derivatives are

equal to zero or nearly equal to zero.

One of the major components of a minimiser is called a line search, which changes

the coordinates to a new lower energy structure. A line search can be described

simply by a one-dimensional minimisation along a given direction. The line to be

searched is taken along the direction vector determined at each iteration of the

minimisation. The new derivatives are always perpendicular to the previous direction,

and therefore produce an efficient path to the minimum for approximately quadratic

surfaces.
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7.3. Minimisation Algorithms Used [6, 7]

7.3.1. Steepest Descents

In the steepest descents method, the line search direction is simply taken as the

current derivative or gradient. After each line search, the old direction is replaced

with the gradient at the new point, and the line search is repeated. Figure 7-2 shows

the minimisation path followed by a steepest-descent approach on the simple

quadratic function.

x

Figure 7-2 Minimisation path followed by a steepest-descents approach.

Each line search produces a new direction that is perpendicular to the previous

gradient. However, the directions oscillate on the way to the minimum resulting in an

inefficient trajectory. This exclusive reliance on gradients is both the weakness and
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strength of steepest descents. Convergence is slow near the minimum because the

gradient approaches zero, but the method is very robust. Therefore, the method of

steepest-descents is often used initially when configurations are far from the

minimum. In fact, more advanced algorithms are often designed to begin with a

steepest descents direction as the first step.

7.3.2. Conjugate Gradients

The minimisation path followed in steepest descents is inefficient mainly because each

segment of the path tends to retrace progress made in an earlier iteration. For

example, each line search deviates from the ideal direction to the minimum, and the

path continually overcorrects for poor choices of directions in earlier steps.

Each successive step in the conjugate gradients method continually refines the

direction toward the minimum. The new direction vector hi+\ leading from point (z'+l)

is computed by adding the gradient gi+\ at point (z'+l) to the previous direction h,

scaled by a constant y:

hi+i — gi+\~^~Y\hi 1-2

where y is a scalar defined as :

Y — jit+l Ki+1 7-3
g.'g,
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This direction is then used in place of the gradient in Eqn. 7-2 and a new line search is

conducted. The next gradient, gi+i, is orthogonal to all previous gradients, go, gi,

g2gi, and the next direction, /?,+/, is conjugate to all previous directions, ho, hi, hi,

hi. Thus, the algorithm actually produces a set of mutually orthogonal gradients

and a set of mutually conjugate directions. The minimisation path followed by

conjugate gradients on the simple quadratic surface described earlier is shown in Fig.

7-3.

x

Figure 7-3 Minimisation following a conjugate-gradients path.
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7.4. Results and Discussion

Many aspects of lithium electrolyte solutions put forward for rechargeable battery

applications are not fully understood. The nature of the free charge carriers in

solution, which is an important factor when considering conductivity, remains unclear

although advances in available experimental techniques [9-11] provides a large piece

of the overall picture. The coordination of lithium cations with anions such as

trifluoromethanesulphonate (triflate) in non-aqueous media has been the focus of

attention in recent years [12-13], Despite this, knowledge of ion-ion and ion-solvent

interactions, especially in polyether solvents, is slight.

Work is ongoing into the preparation of lithium salts where the anion is designed to

reduce the electrostatic association with the Lf cation [12], By adding electron

withdrawing groups to a central atom, the single negative charge will be delocalised

about a large anion, thus decreasing the charge density. Stable organic anion-based

lithium salts have been developed utilising the electron withdrawing SO2CF3 group.

Conductive properties of lithium methide, LiC(S02CF3)3, and lithium imide,

LiN(S02CF3)2 are reported in the literature [12], The use of modelling techniques

allows the user to gain a theoretical view of electrolyte structures.

7.4.1. Properties of the Anion

Modified Neglect of Differential Overlap (MNDO) [14] calculations are

semiempirical methods based on molecular orbital theory and are particularly useful in

the determination of atomic charges and heats of formation. The properties of the
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triflate, imide and methide anions were calculated using this method by minimising

with MOPAC v6.

The geometrical parameters and interatomic distances for the local minimum structure

found for the triflate anion are listed in tables 7-1 and 7-2.

Table 7-1 Geometry parameters (bond lengths and bond angles) for the triflate

anion.

Atom (I) Bond length /A Bond angle /° Twist angle /°

Na:I Nb:Na:I Nc:Nb:Na:I NA Nb Nc

S(l)

0(2) 1.521 1

0(3) 1.520 114.1 1 2

0(4) 1.520 114.3 134.0 1 3 2

C(5) 2.004 104.2 113.0 1 3 4

F(6) 1.353 112.4 -62.25 5 1 3

F(7) 1.353 112.3 177.7 5 1 3

F(8) 1.353 112.1 57.75 5 1 3

Ions associate with each other by the attractive interactions of their respective

coulombic charges. By treating the atoms as point charges within the anion, an

approximate guide to the attractive and repulsive areas to a cation can be seen. Table

7-3(a) lists the calculated charges for each atom in the triflate, imide and methide
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anions, respectively. In addition, Table 7-3(b) lists charges calculated for the triflate

by the ab-initio technique with a 6-31G* basis set for comparison. The dipole

contributions from each anion are shown in Table 7-4

Table 7-2 Interatomic distances for the triflate anion.

S(l) 0(2) 0(3) 0(4) 0(5) 0(6) 0(6) 0(6)

S(l) 0.000

0(2) 1.521 0.000

0(3) 1.520 2.552 0.000

0(4) 1.520 2.553 2.555 0.000

C(5) 2.004 2.798 2.796 2.796 0.000

F(6) 2.813 3.974 3.222 3.183 1.353 0.000

F(7) 2.812 3.183 3.972 3.220 1.353 2.168 0.000

F(8) 2.809 3.218 3.178 3.970 1.353 2.169 2.169 0.000
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Table 7-3(a) Calculated charges for the atoms of the triflate, imide and methide

anions using the MNDO method.

Triflate Charge Imide Charge Methide Charge
atom (I) atom (I) atom (I)

S(l) 1.6455 S(l) 1.5851 S(l) 1.5539

0(2) -0.7185 0(2) -0.6283 0(2) -0.6107

0(3) -0.7186 0(3) -0.6636 0(3) -0.6233

0(4) -0.7186 C(4) 0.2977 0(4) 0.3783

0(5) 0.2433 F(5) -0.2217 F(5) -0.2017

F(6) -0.2442 F(6) -0.2223 F(6) -0.1953

F(7) -0.2444 F(7) -0.2154 F(7) -0.1856

F(8) -0.2444 S(8) 1.5621 S(8) 1.5633

0(9) -0.6381 0(9) -0.6447

0(10) -0.6599 0(10) -0.6104

0(11) 0.3456 0(11) 0.3642

F(12) -0.2132 F(12) -0.1899

F(13) -0.2087 F(13) -0.1969

F(14) -0.2213 F( 14) -0.2027

N(15) -0.8981 0(15) -1.3007

S( 16) 1.5610

0(17) -0.6043

0(18) -0.6178

0(19) 0.3606

F(20) -0.1959

F(21) -0.2012

F(22) -0.2004

Table 7-3(b) Charges calculated by ab-initio(6-31G*) for the triflate anion.

S(l) 0(2) 0(3) 0(4) C(5) F(6) F(7) F(8)

1.6455 -0.7185 -0.7186 -0.7186 0.2433 -0.2442 -0.2444 -0.2444
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Table 7-4 Dipole contributions to the trifiate, imide and methide anions.

Anion Dipole FD

X Y Z Total

Triflate -0.757 -0.157 -2.72 3.05

Imide 0.0680 -1.22 0.74 1.43

Methide -0.748 -1.17 -1.44 2.00

A pictorial representation of the minimised geometries and calculated charges listed in

the previous tables is shown in Fig. 7-4. The atoms are coloured according to the

following specifications: C (green), S (yellow), O (red), F (magenta) and N (blue).

Surfaces were created to show the van-der-Waals radii of each atom and are coloured

with respect to the charge spectrum shown in the figure. That is, the surface of an

atom holding a negative charge is red and of one with a positive charge is blue.

Evidently the negative charge does not entirely belong to the oxygens, but a partial

negative charge also resides on the fluorines of each anion. On comparing the

negative charges of O and F between each anion we can see that their values

decreased in the order triflate > imide > methide indicating that the single charge did

indeed delocalise as the number of electron withdrawing groups was increased. This

effect may then contribute towards the instability of ion-pairs, thus increasing the

number of free charge carriers and ultimately leading to an increase in electrolyte

conductivity.
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Figure 7-4 Geometries of (a) triflate, (b) imide and (c) methide anions.

Surface colours at the van-der-Waals radii show the calculated

point charges as indicated on the charge spectrum.
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7.4.2. Association to Pairs

The charges around each anion indicate that several configurations are possible,

especially as the number of available sites increase in the order triflate < imide <

methide. In this chapter, only the simplest of these anions will be considered further,

but it will become clear that the results presented here can be extended to the larger

imide and methide anions.

Molecular mechanics was used with the CVFF [15] forcefield with a modified non-

bond interaction potential of a Li" cation from the AMBER [16, 17] forcefield. The

steepest descents algorithm was applied for 100 iterations followed by a conjugate

gradients algorithm to converge to a deviation of 0.001. Charges were accepted from

the MOPAC v6 (MNDO) calculation. Starting models were created by manually

changing the location of the Li" cation in the vicinity of the triflate anion. Two

configurations were found when the starting models were minimised in vacuo. Figure

7-5 shows the ion-pairs where the Li" is situated at (a) the -CF3 end and (b) the -SO3

end. Moving the lithium ion to the side of the anion and minimising results in the

preferential coordination of the Li" by only two oxygens, as found by Lindgren at al

[13] in an ab-initio study. The results show that coordination by F is possible in

circumstances where only the fluorines are close to the cation. However, in real

systems the likelihood of solution conditions allowing this scenario are negligible

since many more anions will also be in the vicinity of the cation and the oxygens with

their higher charges will coordinate more readily.
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Figure 7-5 Two possible geometries of the LTCF3S03 ion pair, where the

lithium is coordinated by (a) the fluorines and (b) the oxygens. The

surfaces show the van-der-Waals radii.
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The ion-pair was then solvated to view the effect in a theoretical solvent environment.

A LfCFsSCh" ion-pair was surrounded by a 20A sphere of tetraglyme molecules and

minimised with no dielectric constant set. The minimum structure calculated is shown

in Fig. 7-6. The tetraglyme solvent molecules are coloured dark blue for clarity. The

ions have been space-filled to the van-der-Waals radii with atom colourings: C

(green), O (red), S (yellow), F (magenta) and Li (blue). The ion-pair remained intact

and stable, and the Li cation moved to a position between two oxygens. A similar

approach was taken with propylene carbonate. The ion-pair was soaked by a 15A

sphere of propylene carbonate molecules and again minimised as shown in Fig. 7-7. In

this solvent the LF cation became separated from the triflate anion. The MNDO

calculations performed on each of these solvents gave dipole contributions of 4.859D

and 1.903D for propylene carbonate and tetraglyme, respectively, which contribute to

the overall solvent permittivity. It has been shown that for solvents with high

permittivities an ion-pair is thermally unstable (Chapter 2) and in solvents of low

permittivity at low salt concentrations, molar conductivities decrease due to the

association of free ions to pairs. The results shown here correlate well with this idea.

7.4.3. Higher Aggregates

In the triple-ion conductance theory, Fuoss and Kraus put forward equilibria [18]

describing the formation of ion aggregates higher than pairwise. There were only two

postulated triple-ion configurations, both of which were treated as spherical which

limits the structural possibilities and greatly simplifies the theoretical problem. The

two configurations are shown schematically in Fig. 7-8.
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Figure 7-6 Lf and CF3S03 ions surrounded by a 20A sphere of tetraglyme

solvent molecules. A contact pair has been formed.
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Lf and CF3S03~ ions surrounded by a 15A sphere of propylene

carbonate solvent molecules. A contact pair has not been formed.
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(a) (b)

Figure 7-8 Schematic for (a) MfX2~ and (b) M2+X~ ion-triples as described in

the Fuoss-Kraus triple-ion theory.

However, with an anion such as the triflate (and more so with the imide and methide)

this is likely to be an oversimplification. The varying charge over the triflate anion

surface provides several sites for the cation to sit in. and thus there will exist more

than two stable triple-ion configurations. In fact, the ion-pair dipoles calculated from

MOPAC were 15.839D and 0.568D for the pairs shown in Fig. 7-5(a) and (b),

respectively, implying that a dipole association with a free ion to a triple may be more

likely when the lithium is coordinated by the fluorines. Four minima are shown in

Figs. 7-9(a)-(d). All of the structures are combinations of one of the ion-pairs shown

earlier in Fig. 7-5 and either a lithium cation or triflate anion. The total energies,

calculated by MOPAC v6, for each configuration are listed in Table 7-5. There was a

large energy difference found between the two general forms, M2 X and M'X2~, with

the latter more energetically favourable. Contrary to this, the triple-ion theory makes

the assumption that both configurations are equally favourable. The structures in

Figs. 7-9(a) and (b) have energies very similar to those of the ion-pairs (-2760.04 eV

and -2760.76 eV for pair configurations 7-5(a) and (b), respectively).

224



Figure 7-9 Four possible triple-ion configurations of Li+ and CF3SQ3.
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Table 7-5 Total energies and dipoles of the triple-ion configurations.

Triple-ion figure N°. £Vor/eV Dipole/D

7-9(a) -2761.32 10.46

7-9(b) -2761.84 9.680

7-9(c) -5516.88 5.238

7-9(d) -5518.99 0.001

In solvents with sufficiently low relative permittivity there is no reason why even

higher order clusters, such as quadruples, cannot be formed by similar coulombic and

dipolar attractions. It seems likely that two species coupling will have a relatively high

probability. Also, the probability of n species docking with each other within the

lifetime of a growing cluster will decrease rapidly as n increases. In this work the

cluster size was limited to quadruples constructed from combinations of pairs, triples

and free ions then minimised using molecular mechanics. Some quadruple minima are

shown in Fig. 7-10 and the total energy for each is given in Table 7-6.

Table 7-6 Total energies and dipoles of the quadruple-ion configurations.

Quadruple-ion figure N° ETot /eV Dipole /D
~

7-10(a) -5520.75 2.136

7-10(b) -5519.73 0.000

7-10(c) -5521.54 20.45

7-10(d) -5522.01 2.804
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Figure 7-10 Four possible ion quadruple configurations of Li+ and CF3SO, .
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The listed energies indicate that the quadruple clusters are each as energetically

favourable as the most stable triple-ion.

7.5. Conclusions

The results show that semi-empirical methods and molecular mechanics are a

powerful tools, providing an insight into electrolyte systems of novel salts. The

charge distribution of an anion appears to become more delocalised as the number of

electron withdrawing groups around a central atomic site is increased. The likelihood

of association to stable pairs of such anions with a univalent cation is therefore lower

than association of a smaller anion with a high charge density.

In solvents of low permittivity, clusters greater than pairwise are formed by the

interaction of dipoles. When the permittivity is sufficiently low, higher order clusters

become more energetically favourable. Aggregates of at least quadruple size are likely

to exist and play an important role in electrolyte solution conductivities in low

permittivity media. Dipoles also exist with the quadruple species allowing even larger

aggregates to form in more concentrated solutions. However, some of the dipoles

calculated here are larger than those of the propylene carbonate molecule, suggesting

that the solution permittivity would increase as the fraction of such dipolar clusters

increased. Experimental evidence for this has been seen previously [10, 11],
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CHAPTER EIGHT

Concluding Remarks

8.1. Initial Studies

The addition of suitable ligands during the preparation of lithium salts was proposed

as a convenient method for preparing highly pure electrolytes for use in lithium

batteries. The added ligand must afford high conductivity of the cation through the

solvent medium and allow high efficiencies of lithium plating and stripping when

incorporated into a rechargeable cell with a Li negative electrode. An appropriate

additive may be thought of as a "brightener" which facilitates the formation of a

smooth, dendrite free deposit.

A range of Li-salt complexes were prepared with different anions and ligands to

identify possible candidates for further studies. Conductivities of the lithium

hexafluorophosphate (LiPF6) salts remained dominant throughout the investigations.

A plot of the specific conductivity of propylene carbonate containing LiPF6.nL

complexes is shown in Figure 8-1, where L represents an added ligand. The two

ligands which produced a significant increase in the conductivity of LiPF6 were

diglyme (DG) and pentamethyldiethylene triamine (PMDETA).
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Although results of lithium salts containing other anions have been presented

throughout the thesis, the only systematic studies been performed on LiPF6 and its

complexes with DG and PMDETA.
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Figure 8-1 Conductivity of propylene carbonate at 20°C containing LiPF6 in

the presence of (A) no ligand, (T) 2DG, (O) PMDETA, (□)

4DMI and (■) 4DMPU.
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8.2. Electrolytic Conduction

In low permittivity media, the sharp decrease in molar conductivity for each

electrolyte at low salt concentrations suggests that association of free Li" to non¬

conducting ion-pairs is dominant. A maximum in the molar conductivity in the

moderate to high concentration range, gives an indication of the efficiency of the

ligand when protecting the Li cation from association. Evidently, the diglyme (DG)

ligand was capable of shielding the Li" in a similar way as the tetraglyme solvent

molecules, while PMDETA was not. As the molecular weight of the polyether was

increased, the performance of the DG complex improved, suggesting that the ligand

coordination was different from that of the solvent.

All the ethers have the general formula CH^OCLLCLLLOCEL, where n is the number

of ether oxygens in the chain. The chain lengths of DG (n = 2) and TG (n = 4) are

very similar so both are likely to coordinate to Li" in a similar manner. Two DG

molecules can wrap around the cation in a pseudo-cyclic structure, offering stable

complexation similar to that of a crown-ether. As n increases the complex stability

constant will also increase as more oxygens coordinate to the cation, but when n > 6

some oxygens will be unable to bind and the stability of the complex will decrease as

the unbound oxygens hang "free". As n increases further (n>ll), the length of the

chain will sufficient to allow formation of a pseudo-cycle with an arm passing over

the face of the cation in a cryptand-like structure. The stability of the complex will

once again increase. PEO400 has a value of n « 9 so the structure of the solvated

cation is likely to be different from those of the shorter chain ethers. The results
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shown in earlier chapters suggest that the PE0400 does not shield the cation from

association as well as DG or TG.

In contrast, the association of ions in high permittivity media for the majority of

electrolytes is limited to ion-pairs up to moderate salt concentrations. The overall

association constants decrease in the order LLPF6.PMDETA > LiPF6 > LiPF6.2DG in

propylene carbonate (PC), suggesting that the PMDETA "cage" is not able to protect

the Li cation in a PC environment at low salt concentration. The structural aspect of

the ether ligands discussed above can also be used here to suggest possible reasons

for the different shielding abilities. Only one PMDETA is capable of coordinating to

the Li+, allowing association with the anions where the ligand does not protect. It is

possible that two anions may even bridge a pair of lithium cations, each with a

coordinating PMDETA ligand.

The specific conductivity k generally passes through a maximum characteristic of the

salt and solvent. The maximum /rvalues of the Li salts and complexes in polyether

systems decrease in the order LiPF6.2DG > LiPF6 > LiPFr,.PMDETA while in

propylene carbonate kmax decreases in the order LiPF6.2DG > LiPF6.PMDETA >

LiPF6. In all cases, the diglyme complex appeared superior.

8.3. Lithium Plating and Stripping

Cyclic voltammetry (CV) and potential-step experiments at a nickel microelectrode

have shown that the kinetics of the Li/Li+ couple in both high and low permittivity
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media is relatively fast, and that the ligands play an important role in the charge

transfer process and subsequent deposition of metallic lithium.

The current-transients following a cathodic potential-step show that nucleation and

crystal growth occur. The growth mechanisms and rate determining steps for the

electrodeposition process that were suggested indicated that in polyether

environments, diffusion of the complexed Li+ to the electrode surface was an

important factor. In both the PC and gel environments diffusion control does not

appear to be the rate determining step, suggesting that ion mobility is higher. This is

clearly an important factor when considering the practical implications.

Galvanostatic and potentiostatic experiments indicate that the LiPF6 and LiPF6.2DG

in the PMMA(30 wt%) gels have high stripping efficiencies (> 90%). The high

macroscopic viscosity of these gels may be sufficient to hinder dendritic growth of Li,

normally present in the liquid cell.

8.4. Electrochemical Stability

In a rechargeable Li-ion battery the electrolyte must be stable to beyond +4V vs.

Li/LT since high potentials are required by these batteries to satisfy the high energy

density requirement. Cyclic voltammetry evidence given here for the stability of

propylene carbonate at a Ni microelectrode indicated that the cathodic limit

previously seen for this solvent at values positive of 0V vs. Li/Li* was due to
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reduction of trace water. The anodic limit was shown to start at +4.5V at Ni and

+5.5V at Pt.

Other solvents, proposed as ligands, were added in small quantities to pure propylene

carbonate (Appendix 1). The only group of solvents which were all stable to

oxidation beyond +4V vs. Li/Li+ were the ethers, of which DG is a member. Similar

results were obtained from propylene carbonate containing the lithium salt complexes

of DG and PMDETA, where the latter irreversibly oxidised at +3.3V. This indicates

that a suitable ligand with a wide stability window may be identified without the need

to prepare the Li-salt complex first.

8.5. General Conclusions

The main aim of each investigation was to determine the electrochemical performance

of the lithium salt complexes relative to the "pure" LiPF6, and to each other. Thermal

analysis (Chapter 3) showed that both the DG and PMDETA salt complexes were

significantly more stable than the simple salt. In all experiments, the Li salts which

were complexed by 2DG maintained their superiority over those complexed by

PMDETA, and in some cases over the simple salt also. The anodic limit of the amine

ligands excludes them from use in rechargeable Li-ion batteries.

Although much of the work presented here was conducted at microelectrodes, the

results suggest that the diglyme complex salts should now be tested in full size

practical rechargeable battery systems. The potentials required in a primary battery
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system are not as high as those in secondary Li-ion systems, and since the specific

conductivity was enhanced by the addition of PMDETA to a PC solution the practical

use of this ligand as an electrolyte additive has not necessarily been excluded.

8.6. Future Work

Several aspects of investigation remain unresolved, including a study of the nature of

the passivating layer which grows at a freshly deposited lithium surface in contact

with the electrolyte. The growth of such an insoluble layer is important when

considering the shelf-life of a lithium cell. The use of microscopic techniques, such as

atomic force microscopy (AFM), to view the actual Li deposit in-situ during its

growth at the electrode surface would be of great interest. AFM images could allow

actual nuclei to be counted and on comparison of the chronoamperometric fits to the

idealised growth models the growth rate constants at specific overpotentials could be

calculated.

This work has dealt with the electrochemistry involved at a lithium/electrolyte

interface. An alternative to the lithium electrode in practical cells is an insertion

material. One direction of further investigation would therefore be a performance

study of the LiPF6 electrolytes with added ligand at selected insertion electrodes. For

example, the insertion / extraction processes at LixMn204 (spinel) or carbon can be

studied by cyclic voltammetry. Work on this subject may be extended to include the

microelectrode behaviour of LixMn204 (spinel).
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The host medium itself does not have to be limited to propylene carbonate or ether

solvents. As mentioned in Chapter one, optimum performance can be obtained by

mixing solvents such as propylene carbonate and ethylene carbonate. The trapping of

such an electrolyte solution in a solid host matrix such as PAN, PMMA, or more

recently a copolymer blend of poly(vinylidene fluoride) and hexafluoropropylene,

known as KYNAR, may offer high liquid-like performance with the macroscopic

solid polymer properties. A question arises: what is the optimum polymer

concentration ? A systematic temperature dependent study using all the techniques

seen in this project should be applied to the gel media under investigation at varying

polymer concentration. It is likely that as the polymer concentration exceeds ca.

30wt%, the microscopic properties associated with liquid-like behaviour will become

more polymer-like.
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APPENDIX 1

Solvent Stabilities

For use as an electrolyte additive, the anodic breakdown potentials are required to be

as high as possible (>4.5 V vs. Li/Li+) for battery charging purposes. Table Al-1

summarises the results obtained for cyclic voltammetry sweeps of various ligands in

pure propylene carbonate at a 10 pm diameter Pt ultramicroelectrode vs. Li/Li' (1M).

Table Al-1 Anodic stability windows for a range of ligands.

LIGAND ANODIC OXIDATION LIMIT vs. Li/Li" /V

TMEDA +3.4

PMDETA +3.3

HMTETA +3.4

DME >+5

DEE >+5

Diglyme >+5

Triglyme >+5

Tetraglyme >+5

Hexaglyme >+5

15-Crown-5 >+5

DMI +4.2

DMPU +4.6
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Figure Al-1 TMEDA/PC. Sweep rate = 100 mV/s.
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Figure A1-2 HMTETA/PC. Sweep rate = 100 mV/s.
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Figure A1 -3 DME/PC. Sweep rate - 50 mV/s.
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Figure AM (con. ) DME/PC. Sweep ra.e - 100 mV/s.
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Figure Al-5 Triglyme/PC. Sweep rate = 100 mV/s.
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(a)

Figure Al-6 Tetraglyme/PC. Sweep rate = 100 mV/s.
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Figure Al-7 Hexaglyme/PC. Sweep rate = 50 mV/s.
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Figure A1-9 DMI/PC. Sweep rate = 100 mV/s.
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Figure Al-10 DMPU/PC. Sweep rate = 100 mV/s.
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APPENDIX 2

Conductivity of PE03Lithium Triflate

as a Function of Temperature

Although conductivity measurements of LiCFsSOs dissolved in high molar mass PEO

(3EO:Li) have been made previously, at temperatures above its phase change, the

data have been unable to determine the true nature of the temperature dependence on

conductivity. This appendix therefore reports an investigation of the electrolyte

system above, independent of the main text of the thesis.

A2.1. Experimental

A2.1.1. Lithium trifluoromethanesulphonate (lithium triflate)

Li2C03 + 2CF3S03H ► 2LiCF3S03 + H20 + C02 A2-1

Trifluoromethanesulphonic acid (triflic acid, 0.667 mol dm""') was slowly added to a

suspension of lithium carbonate (Li2C03, Aldrich) in distilled water. The solution was

stirred for 3 hours, filtered through a fine sinter and the majority of water removed on

a rotary evaporator, leaving the hydrated salt. The anhydrous salt was obtained after

heating the sample under vacuum for 24 hours at 150°C.
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A2.1.2. Preparation ofPEOsLithium Triflate

A mixture of appropriate amounts of lithium trifluoromethanesulphonate and dry

poly(ethylene oxide) was transferred to a stainless-steel tube for cryogrinding. A small

sample of the intimate cryoground mixture was pressed to 5 tons for 30 seconds

between two stainless-steel discs in a 13mm pellet press. This was heated for at least

3 hours at 200°C under no applied pressure using a band heater. Upon cooling to

100°C, a pressure of 3 tons was applied. The sample was allowed to cool to room

temperature overnight under the applied pressure. The film produced was 0.33 mm

thick.

A 2.1.3. Powder X-Ray Diffraction

A sample of the cryoground powder was sealed into a 0.5 mm glass capillary inside

the glove box. Once removed from the box, the sample was heated to 190°C for 6

hours then annealed at 55°C for 4 days. Powder x-ray diffraction data was collected

on a Stoe STADI/P high resolution system equipped with a linear position sensitive

detector covering -60 in 20 and employing Ge-monochromatised CuK„i radiation.

After mounting the sample, the data was collected (100 steps, 30 sec/step) in the

range 5° < 20 < 55° at room temperature.

A powder pattern of PEOjLiCFjSOs is shown in Figure A2-3. A good comparison is

made with a pattern of the same structure solved previously (P. Lightfoot, M.A.

Mehta and P.G. Bruce, Science, 262, 883-885 (1993) ).
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Figure A2-3 Powder x-ray diffraction patterns of PEOjLiCFsSCF.
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A 2.1.4. Conductivity Measurements

AC measurements were performed using a Solartron 1255 frequency response

analyser (FRA) coupled to a Solartron 1286 potentiostat, driven by an IBM

compatible PC under software control. Measurements were made in the frequency

range 100 kHz - 1 Hz.

A two-electrode cell configuration was used as shown in Figure A2-4. The cell body

was constructed from ceramic which housed two identical 10mm diameter stainless-

steel electrodes. One side had a 0.33 mm deep groove which acted as a compartment

for the polymer electrolyte film when the cell was assembled. The cell was placed

inside a gas tight, evacuable stainless-steel can (Figure A2-5) which allowed removal

from the glove box while maintaining an argon atmosphere. Contact between the cell

and the instrumentation was made by BNC electrical breakthroughs at the head of the

can. The fully assembled can was placed in a Buchi TO-51 furnace, and the

temperature of the cell was monitored by a K-type thermocouple running through the

can. Heating the cell to 200°C for 3 hours then cooling overnight ensured good

electrical contact between the electrodes and the polymer film. The cell was allowed

to thermally equilibrate for at least 1 hour at each temperature before an ac-

measurement was made.
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Figure A2-4 Two-electrode cell for measurement of polymer electrolyte

conductivities.

257



Figure A2-5 The stainless-steel can for removal of the cell from the glove box.
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A2.2. Results

Table A2-1 Conductivity data for the heating of PECK LiCFjSO;,.

T(°C) 1000/T (1/K) R(Q) ln^/Scnf1)

48.40 3.10994 4632900 -18.51878

56.90 3.02984 2312100 -17.82375

67.30 2.93729 1342100 -17.27983

80.50 2.82765 472670.0 -16.23624

93.00 2.73112 188600.0 -15.31747

105.9 2.63817 84199.00 -14.51102

114.7 2.57832 48547.00 -13.96037

123.3 2.52239 27766.00 -13.40165

136.9 2.43873 12439.00 -12.59868

142.7 2.40471 8824.000 -12.25532

158.6 2.31616 3445.900 -11.31503

160.6 2.30548 2917.100 -11.14843

166.3 2.27557 2044.300 -10.79290

168.9 2.26219 1685.100 -10.59967

171.7 2.24795 1325.500 -10.35963

176.4 2.22445 1330.100 -10.36310

179.9 2.20726 540.7400 -9.46302

184.0 2.18747 241.3200 -8.65621

189.5 2.16146 34.62800 -6.71475

197.8 2.12337 26.43700 -6.44485

204.4 2.09402 23.28000 -6.31768

218.2 2.03521 16.14300 -5.95157

226.4 2.00180 13.41100 -5.76616

233.9 1.97219 12.04000 -5.65832

239.4 1.95103 10.63100 -5.53386

252.8 1.90132 8.264700 -5.28208
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Table A2-2 Conductivity data for the cooling of PEO3 LiCF3S03.

T{°C) 1000/T (1/K) R(Q) ln(cr/Scnfl)

227.0 1.99940 15.73200 -5.92578

205.0 2.09139 24.83800 -6.38246

183.3 2.19082 38.89200 -6.83087

161.3 2.30176 2141.500 -10.83935

139.5 2.42336 8462.600 -12.21350

116.8 2.56443 36019.00 -13.66189

93.3 2.72889 218450.0 -15.46440

Figure A2-6 shows a plot of In a vs. 1000/T. The conductivity data reported here

compares well with previous literature values. The data were fitted to the Arrhenius

equation,

a - A exp^-^j A2-2

where E is the activation energy and A is a pre-exponential factor. The fitted data in

the high temperature region is shown in Figure A2-7. It can be concluded that

Arrhenius, rather than VTF, behaviour is followed.
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Figure A2-7 Conductivity vs. 1/T for PE0;XiCF3S03. The solid lines indicate

Arrhenius fits.
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APPENDIX 3

Charge Transfer at a Metal/Ion Electrode

A3.1. Introduction

While the Butler-Volmer equation developed in Chapter two is generally applicable to

all systems, it has been discussed in terms of both redox species being soluble and

present in solution. A more rigorous treatment {Electrochemical Kinetics, K.J.

Vetter, Academic Press, London and New York (1967)) of the charge transfer from a

solid metal M to its ions in solution, and vice-versa, will now be given.

A3.2. Theory

The partial anodic reaction consists of removal of a metallic ion from the metal

surface, accompanied by rupture of the metallic bond and formation of a new bond

with the electrolyte. Initially, M'+ at the metal surface will be in its ad-atom state

located in a preferred site on the surface. The metallic ion M:~ must then bond to the

solvent molecules in the electrolyte solution to form the solvated ion. The process

may be described by:

^(ad-atom, + ^ ► M~'\SX A3-1
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where S represents the solvent molecules and z the charge valency. The reaction takes

place at a rate proportional to cZd and c%, the surface concentrations ofM 'ad'a'on" and

Sx, respectively. The partial anodic current density is therefore given by

7 = k<iCadCasZ*v\~j^E i A3-2

The cathodic reaction can be described by

MZ\SX M(ad-atom> + Sx A3-3

and is proportional to only. The partial cathodic current density is then given

by

- - f-(l -cca)zF 1
/ = /toc^expj — E ^ A3-4

where clts is the surface concentration of The total current density is then

I = koCadCsex^oc^expj ^ e\ A3-5

where allowance is made for the properties of the metal surface caused by crystal

growth and nuclei formation by including eld • Since the exchange current density is

given by
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-> f-(l-a4)zFIo = *0c«sexpj — Ee

ko Cad Cs expj Ee i A3-6

then by substituting eqn. A3-6 into eqn. A3-5 an expression analogous to the usual

Butler-Volmer form is obtained:

'" ") " eX1>('(' ?)} "-1
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