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ABSTRACT

The thermodynamice of pure molten ZnCl. and mixtures
with NaCl and KCl1 were studied by means of a formation
cell involving zinc and chlorine electrodes. Activity
values so-derived are compared with those of other workers
obtained using various methods, and reasons suggested for
discrepancies between alternative techniques.

Cyclic voltammetric studies of +these melts, both
purified and unpurified, with various working electrodes,
indicated that residual water could be largely removed by
a standard purification techniqgue.

The redox behaviour of chromium(II) was examined by
cyclic voltammetry as the melt composition was varied. In
relatively "acidic'" melts, an electrode deposit of pure
chromium(III) chloride was obtained. The peak potential of
the reversible chromium(II) oxidation wave was found to
correlate with the melt acidity (activity of ZnCl.).

The behaviour of gallium(III) was similarly examined by
cyclic voltammetry. In relatively acidic melts, Ga(III)
could be reduced only to +the wunusual Ga(I) oxidation
state, which:'was stable, but as the melt was made basic,
Ga(I) appeared to disproportionate, and ultimately
metallic gallium could be co-deposited with =zinc.

Finally, the electrochemistry of titanium(III) produced
by reaction of titanium metal with the melts was examined,
and compared with the behaviour of solutions produced by
reaction of TiCl,. Such solutions could be oxidised +to
Ti(IV), which was then lost as TiCl:. from the electrode
vicinity, the reaction being particularly influenced by

tempﬁsature and Ti(III) concentration.



TITLEPAGE
ABSTRACT
CONTENTS
LIST OF F

LIST OF T

CHAPTER O

CHAPTER T

2.4.1
2.4.2

2.4.3

IGURES

ABLES

NE: INTRODUCTION

General

Thermodynamics of molten salt mixtures

Solution models for molten salts
Chloroaluminate melts

Applications of zinc chloride-based
melts

Proposed research

WO: LITERATURE SURVEY

General

Melt preparation and reactivity with
water

Structural studies

Transport and physico-chemical
pProperties: -~

General

Electrical conductance

Density

page

20

28

28
29
31
35

41

43

44

44

44

46

48

48
49

49



2.454 Viscosity 51
2.4.5 Phase diagrams 51
2.4.6 -Vapour pressure 54
2.5 Electrochemical studies:- 54
2.5.1 Formation and concentration cells 54
2.5.2 Voltammetric studies 61
2.5.3 Chronopotentiometric studies 63
2.6 Solute behaviour , 64
2.7 Overall summary 64
CHAPTER THREE: EXPERIMENTAL 66
3.1 Melt preparation:- 66
3.1.1 Zinc chloride 66

3.1.2 Sodium chloride and potassium chloride 68

3.1.3 Lithium chloride-potassium chloride 68
eutectic
3.2 Vacuum and gas supply ‘ 68
3.3 Furnace and temperature control 68
3.4 Electrochemical cell 69
3.5 Electrodes = T1
3.6 Pulse-generating equipment TT
3.7 Cyclic voltammetry - 79
3.8 AC impedance . 79
3.9 X-ray diffraction 80
3.10 Optical microscopy 80
3.11 Electron microscopy 80
3.12 Electron spectroscopy for chemical 60

analysis (ESCA)



3.13 Atomic absorption 81

3.14 Materials 81

CHAPTER FOUR: THERMODYNAMICS OF ZINC CHLORIDF- 84
ALKALI CHLORIDE MIXTURES

4.1 Generation of formation cells by a 84
current pulse method
4.2 Results and discussion:- 85

4.2.1 Stability of zinc electrode potential 85

4.2.2 Behaviour of planar vitreous carbon 85
electrode
4.2.3 Behaviour of indented vitreous carbon 88
electrode
4.254 Conclusions 92
4.3 Conventional formation cells-General 93
4.4 Results and discussion:- 96
4.4.1 Pure zinc chloride 96
4.4,2 Sodium chloride-zinc chloride 99
4.4.3 Potassium chloride-zinc chloride 107
4.5 Concentration cell-General 109
4.6 Results and discussion 112
4.7 Calculated solute activities in zinc 114

chloride melts

CHAPTER FIVE: CYCLIC VOLTAMMETRY OF ZINC CHLORIDE-BASED
MELTS WITHOUT ADDED SOLUTE SPECIES

5.1 General , 118



5.2 Principles of cyclic voltammetry 118
5.3 Results and discussion:- 123
5.3.1 Counter and reference electrodes 123
5.3.2 Working electrodes 124

5.4 Conclusions 134

CHAPTER SIX: CYCLIC VOLTAMMETRY OF CHROMIUM COMPOUNDS
IN ZINC CHLORIDFE-ALKALI CHLORIDE MIXTURES

6.1 Procedure and general observations 137
6.2 Cyclic voltammetry of chromium(II)
solutions- Results and discussion:- 138

6.2.1 Potassium chloride-zinc chloride melts 138

6.2.2 Sodium-chloride-zinc chloride melts 182
6.2.3 Summary of voltammetric results 193
6.2.4 Effect of melt acidity on peak 197
rotential
6.3 Characterisation of anodic oxidation 198
product: -
6.3.1 Isolation of the product 198
6.3.2 Morphology of the electrode product 201
6.3.3 Analysis of the deposit 204
6.4 AC impedance measurements 212

6.5 Overall conclusions and further work 216

CHAPTER SEVEN: CYCLIC VOLTAMMETRY OF GALLIUM COMPOUNDS
IN ZINC CHLORIDE-~ALKALI CHLORIDE MIXTURES

7.1 Procedure and general observations 218



7.2 Cyclic voltammetry of gallium(III) 218
solutions- Results and discussion:-
7.2.1 Potassium chloride-zinc chloride melts 218
7.2.1 Sodium chloride-zinc chloride melts 228
7.2.3 Lithium chloride-potassium chloride
eutectic 242

7.3 Conclusions and further work 245

CHAPTER EIGHT: CYCLIC VOLTAMMETRY OF TITANIUM COMPOUNDS
IN ZINC CHLORIDE-ALKALI CHLORIDE MIXTURES

8.1 Procedure and general observations 247
8.2 Cyclic voltammetry of titanium(;II) 250
solutions—- Results and discussion:-
8.2.1 Titanium metal in potassium chloride- 250
zinc chloride melt
8.2.2 Titanium(III) chloride in potassium 271

chloride-zinc chloride melts

8.3 Characterisation of anodic oxidation 275
product

8.4 Conclusions and further work 27T

REFERENCES 279

ACKNOWLEDGEMENTS - 289



Pigure 1.1, Calculated and experimental activities for
cadmium bromide in XBr-CdBr. melts at 600°C, assuming

the formation of CdBrs# ions. . . . . . . . . page 34

Figure 1,2, Activities of aluminium chloride and sodium

chloride in NaCl-AlCl,; melts at 175°C. . . . . page 38
FPilgure 1.3. Activity coefficients of an idealised solute
s 1in NaCl-AlCl; melt at 175°C, as calculated from the

coordination cluster theory. . . . . « « « « . . . page 38

Figure 2.1, Typical conductivity isotherms obtained. for

the KCl-ZnCl: melt. . . . ¢ « 4 o« o« « o « « » + page 50

Figure 2.2, Typical conductivity isotherms obtained for

the KC1l-AlCly; melt. .« . ¢ ¢« &« « « o o« « o o« +« <« page 50
Figure 2.3, Phase diagrams for MC1l-ZnCla
SYstems. . . . .« ¢ ¢ ¢ ¢ ¢ « o o s o o s e e« o« « o page 52

Figure 2.4, Comparison of E° values for

ZNClae ¢« ¢ « ¢« 4« 4 4« 4 4 e e e e e 4 e s e e « . page 56

Eleure 2.5, Activity of =zinc¢ chloride in the MCl1l-ZnCl.

SYsStems. . ¢ ¢ ¢ 4 4 4 ¢ o + e e s e o e e o« + o . page 58



Figure 2.6, Activities of sodium chloride and zinc
chloride as a function of melt composition in the sodium
chloride-zinc chloride system at 7O0K. . . . . . . page 59

Figure 3.1, Melt purification apparatus. . . . . page 67

Figure 3.2, Electrochemical cell and miscellaneous

electrodes. . . . ¢ « ¢ + ¢ o 4 « + o + o + o . . page 70
Eiggng_j*A* Electrodes. . . . « .+ « « . « + .+ « Page T2
Figure 3,4, Electrodes. . . . . ; c + « o« o+ + . Page T4
Figure 3,5, Electrodes for formation cell. . . . page T6

FPigure 3.6, Apparatus for current pulse emf

measurementsS. « « « o o o o o o o o o o« o o « o+ « page T8

Figure 4.,1. Variation in potential perturbation with
current density on vitreous carbon in pure zinq chloride

At 400° . . . o ¢ o o o o o o o o e o e o o 4 pageﬂBT

"Figure 4.2, Typical emf/time decay curves on vitreous

carbon at 400°C. . « + « e o + 4 e o o o + + . page 89

Figure 4,3, Emf decay curves on vitreous carbon at

400°C. « . v & « o o + « 4 4 4 4 « « 4« « « « .+ . page 91



10

FPigure 4.4, E° values for pure zinc chloride. page 97

Figure 4.5, The variation of emf with temperature for

the formation c¢ell Zn/ZnCle+NaCl/Clsa. . . . . Ppage 102

Figure 4.6, Activities of zinc chloride i1in NaCl-ZnCl.

mixtures. « . . ¢ ¢ ¢+ s ¢ 4 4 ¢ ¢ s e+ s - « .+ . Page 104

Figure 4.7, Alkali chloride activities in mixtures with

zinc chloride. « . . . . ¢ & + ¢« + « &+ + '+« « « pPage 106

Figure 4,8, The variation of emf with temperature for

the formation cell 2Zn/ZnCla+KCl/Cls. . . . . page 108

Figure 4,9, Activities of 2zinc chloride in XKCl-ZnCla

MIXtUres8. . ¢« o o o ¢ o o o o o o o s« o s o o o+ « pPage 110

Figure 4.10, Variation of emf with composition for <the
concentration cell Zn/KCl+ZnClz(ref) /KC1l+ZnCl./Zn at

408°C. &« 4« 4+ +« & + s + e e e s e« 2 4« 4 + « W+ . pPage 113

Figure 4.11. Typical Coordination cluster calculations
for a solute in the system AlkCl-ZnCl: as a function of

melt composition (Alk = Kor Na). . . . . . . . . page 116

Figure Bal, Cyclic voltammogram for a reversibdble
reduction process with both reactant and product

soluble. . . . . 4 ¢ + ¢ s+ ¢ e e 2+ 4« 4 e+ W+ . « . pPAgEe 120



11

Figyre 5.2, Cyclic voltammogram of purified 15 mole per
cent NaCl-ZnCla. melt at 391°C under argon (w

electrode). . . v . 4 4+ 4 4 e 4w 4 4 e e o e« o« + + page 125

Figure 5.3, Cyclic voltammogram of purified 15 mole per

cent NaCl-ZnCl. melt at 391°C wunder argon. . page 126

Figure 5.4, Cyclic voltammogram of purified 15 mole per
cent NaCl-ZnCl: melt at 391°C after a 3-day exposure

10 31T + vt s e et e 4 e e e 4 e e e e & o « « page 128

Figure 5.5, Cyclic voltammogram of unpurified 15 mole

rer cent NaCl-ZnCl: melt at 391 . . . . . . Dbpage 129

Figure 5,6, Cyclic voltammogram of unpurified 15 mole
per cent NaCl-ZnCl: melt at 391°C after 3 days under

ATEON « o« o o s o o s o o o o o o s o o s+ e o o« « page 130

Figure 5,7, Typical cyclic voltammogram using vitreous
carbon working electrode: purifieqd, unpurified or
air-exposed 15 mole ©per <cent NaCl-ZnCl. melt at

391°C . ¢ ¢ ¢ ¢ 4« o s e e e e e e e e o e« +« « » page 132

Figure 5.8. Cyclic voltammogram of purified 15 mole per

cent NaCl-ZnCla melt at 391°C (Pt electrode). page 133

Figure 5.9, Cyclic voltammogram of purified 15 mole per

cent NaCl-Z2nCl: melt at 391°C (Au electrode). page 135



12

Figure 6.1, Typical cyclic voltammogram for the
oxidation of chromium(II) (0.065M) in 0.6 mole fraction

KC1-ZnCl. at 388Cc . . . . . . . . . +. . . . page 140

Figure 6.2, Plot of peak current against square root of
scan rate for the oxidation of chromium(II) (0.065M) din

0.60 mole fraction KCl-ZnCl: at 388°C . . . . page 144

Figure 6.3, Plots of peak current against square root of
scan rate for the oxidation of chromium(II) (0.16M) in
0.50 mole fraction KCl-ZnCl. at various

temperatures . . . ¢ ¢ ¢ + s e s 4 e e o e« « « o page 145

Figure 6,4, Arrhenius plots for +the variation of
diffusion coefficient of chromium(II) with temperature in

various KCl-ZnCl: melts . . . « « « « « « « + « page 147

Figure 6.5, Plot of peak current against square root of
scan rate for +the oxidation of chromium(II) (0.35M) i1in

0.40 mole fraction KC1l-2ZnCl: at 400°C . . . . page 152

Figure 6.6, Typical cyclic voltammograms for the
oxidation of chromium(II) (0.35M) 1in 0.40 mole fraction

KC1l~-ZnCles at 282°C . . . &« v« &+« v « « « « + . page 154

Figure 6.7. Typical cyclic voltammogram for the
oxidation of chromium(II) (0.52M) in 0.39 mole fraction

KC1-Z2nCl: at 400°C . . . . . . . . « « + . . vage 155



13

Figure 6.8. Plot of peak current against square root of
gcan rate for the oxidation of chromium(II) (0.52M) in

0.39 mole fraction KCl-ZnCl. at 400°C . . . . page 157

FPigure 6.9, Typical cyclic voltammograms for the
oxidation of chromium(II) (0.26M) in 0.30 mole fraction

KC1l-ZnCles at 414°C . . . .« « + =« + + « <« . . page 161

Figure 6.10, Plot of peak current against square root of
scan rate for +the oxidation of chromium(II) (0.26M) in

0.30 mole fraction KCl-ZnCls at 414°C . . . . page 163

Figure 6.11. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.26M) in 0.30 mole fraction

KCl—ZnCla a-t 328°C . . . . . . . - . . . . . page 1 65

Figure 6.12. Plot of peak current against square root of
gcan rate for +the oxidation of chromium(II) (0.26M) in

0.30 mole fraction KCl-ZnCl. at 328C . . . . page 166

Figure 6.13. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.58M) in 0.30 mole fraction

KC1l-ZnCle at 400°C . ¢ ¢ e « e o o o o o o« + page 16T

Figure 6.14. Cyclic voltammogram for +the oxidation of
chromium(II) (0.58M) i1in 0.30 mole fraction KC1l-ZnCl: at

400°C: Comparison with reversible case . . . . page 170



14

Figure 6.15, Typical cyclic voltammogram for the
oxidation of chromium(II) (0.023M) in 0.21 mole fraction

KC1l-Z2nCl: at 400°C . . . . . . . . v « « + . page 174

Figure 6.16. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.081M) in 0.21 mole fraction

KC1-ZnCl: at 412°C . + + « v v v W 4w 4 + W+ + page 175

Figure 6.,17. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.57M) in 0.21 mole fraction

KC1l-ZnCl:s at 414°C . . &+« v ¢« @« v 4 4o @« « 4+« . page 176

Figure 6,18, Typical c¢cyclic voltammograms for  the
oxidation of chromium(II) (0.74M) in pure zinc chloride

at 400°C . . . 4 e e e e e e e e e e .. .. page 179

Figure 6,19, Cyclic voltammogram for +the oxidation of
chromium(II) (0.32M) in "pure" zinc chloride at 400°C
(after HC1 bubbling) : Comparison with reversible

CASBE o + 4 o o o o 8 o o o o e« o o 4 s e e s « « page 181

Figure 6,20, Plot of peak current against square root of
scan rate for the oxidation of chromium(II) (0.26M) in

0.54 mole fraction NaCl-ZnCl. at 328°C . . . Dpage 184

Figure 6,21, Typical cyclic voltammograms for the
oxidation of chromium(II) (0.33M) in 0.40 mole fraction

NaCl-ZnCl: at 400°C . . . +. « « + « « « + +« . page 185



15

Figure 6.22. Typical cyclic voltammograms for the

oxidation of chromium(II) (0.11M) 1in 0.40 mole fraction

NaCl-ZnCl. at 400°C . . . +« =« « &« « <« « « + . page 188

FPigure 6.23. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.10M) in 0.30 mole fraction

NaCl-ZnClz at 405°C . . . ¢ =« =« =« 4+ o « « + + DpDage 190

Figure 6.24, Typical cyclic voltammograms for the
oxidation of chromium(II) (0.27M) 1in 0.30 mole fraction

NaCl-ZnCls at 400°C . . . + « « « o « <« « « .« page 192

Figure 6.25. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.41M) in 0.15 mole fraction

NaCl-ZnCls at 400°C . . . .« + =+ + « o « - o+ . DPage 194

Figure 6.26. Variation of +the reversible voltammetric
peak ©potential for chromium(II) oxidation with melt

acidity in alkali chloride-zinc chloride

systems . . . ¢ ¢ o ¢ ¢ o o o o o o o s o o o+ o+ + Page 199

Figure 6.27. Morphology of chromium(III) chloride

electrode deposit . . . . . . ¢ ¢ + « o« ¢ o + « o+ Page 202

Figure 6,28, Layer structure of chromium(III)

chloride . . . . . « « + « « ¢« « « « + .« « . . . Page 205

Figure 6.29., X-ray pPhotoelectron spectrum of

chromium(III) chloride samples (wide scan) . . . page 209



16

FPigure 6,30, X-ray photoelectron spectrum of

chromium(III) chloride sample deposited from KC1l-ZnCl.

melt:- Cr 2p 3/2 region . . . . +« « ¢« « « « « + « page 211

Figure 6,31 Complex plane impedance plots for
chromium(III) deposited on vitreous carbon from O0.5M
chromium(II) in a 0.25M fraction KCl1-ZnCls: melt at

400°C « « + v 4 4t e 4 e e e e e e e e e e e . page 213

Eigure 6,32, Plot of real impedance component at 20kHz
versus number of coulombs passed during deposition of
chromium(III) chloride from a 0.5M chromium(II) solution
in 0.25 mole fraction KC1-ZnCl. melt at

400° &« v« v 4 e 4 e e e e e e e e e e e e e . . P2RE 215

Fieure 7.19. Typical cyclic voltammograms for the
reduction of gallium(III) (0.09M) 1in pure =zinc chloride

at 400°C . . ¢ . v 4 4 4 4 4 e e e 4 e 4 e + . pPage 219

Figure 7.2, Plot of peak current against square root of
scan rate for the oxidation of gallium(II) (0.09M) in pure

zinc chloride at 400°c . . . . . . . . . . . . page 222

Figure 7.3, Typical cyclic voltammograms for the
reduction of gallium(III) (0.07M) in 0.13 mole fraction

KCl-ZnCl: at 400°C . . . +. v +v « o &+ &+ + + < page 224



17

Figure 7.4, Typical cyclic voltammograms for the
reduction of gallium(III) (0.06M) in 0.40 mole fraction

KCl-ZnClz: at 400°C . ¢« + 4« o 4« o o « 4« <« + o+ page 227

Figure Z.5. Typical cyclic - voltammogram for the

reduction of gallium(III) (0.06M) in 0.50 mole fraction

KCl-ZnClzs at 400°C .« . ¢« =« =« =« o « o o« o + o+ page 229

Figure 7.6. Typical cyclic voltammogram for the

reduction of gallium(III) (0.06M) in 0.60 mole fraction

KCl-ZnCls at 400°C . &« &+ =« « « o s+ o o + « .+ page 230

Figure 7.7. Typlcal cyclic voltammograms for the

reduction of g211ium(III) (0.13M) in 0.40 mole fraction

NaCl-ZnClzs at 400°C ¢« . . &« &+« 4+« @« e « o o« +« o+ page 232

Figure 7.8, Typical cyclic voltammograms for the
reduction of gallium(III) (0.11M) in 0.50 mole fraction

NaCl-ZnCla at 400°C . ¢ +v &« o o 4+ o o « +« + page 234

Figure 7.9, Typical cyclic voltammogram for the
reduction of gallium(III) (0.06M) 1in 0.60 mole fraction

Na-c 1-chla at 4-00°c .0 - . . . . . . . 1y . . . page 236

Figure 7.10., Cyclic voltammogram for the reduction of
gallium(III) (0.06M) in 0.60 mole fraction NaCl-ZnCl: at

400°C . v + « + & e s 4« s+ & s s+ e« & e « « « « . page 237



18

Figure 7.11. Cyclic voltammogram for the reduction of
gallium(III) (0.06M) 1in 0.60 mole fraction NaCl-ZnCl. at

400°C . . v v e e e e 4 e e e e e 4 s s e s W+ . page 238

Figure T7.12. Typical cyclic voltammogram for the

reduction of gallium(III) (0.12M) 1in 0.60 mole fraction

NaCl-ZnCls at 400°C . +« « 4+ + 4« o « « +« + +« + page 240

Figure 7.13. Typical cyclic voltammogram for the
reduction of gallium(III)  (0.O07HM) in lithium

chloride-potassium chloride eutectic at 400°C . page 243

Figure 8.1, Typical cyclic voltammograms for the
oxidation of titanium(III) (0.60M) in pure zinc chloride

at 350°C (reaction product of titanium metal) . page 251

Figure 8.2, Typical cyclic voltammograms for the
oxlidation of 'tita.niuin(III) (0.60M) in pure zinc chloride

at 400°C (reaction product of titanium metal) . page 256

Figure 8.3. Typical cyclic voltammograms for the
oxidation of titanium(III) (1.00M) in 0.10 mole fraction
KC1l-Z2nCl. at 412°C (reaction product of titanium

Metal) . . o o o « + o o s o o o« o o o+ o« o « « « page 257

Figure 8.4, Typical cyclic voltammograms for the
oxidation of +titanium(III) (0.36M) in 0.30 mole fraction
KC1l-ZnCl. at 400°C (reaction product of titanium

metal) . . . . . . . . . . . . . . . . . . . . - page 260



19

Figure 8.5, Typical cyclic voltammograms for the
oxidation of +titanium(III) (0.06M) in 0.50 mole fraction
KCl-ZnCl: at 405°C (reaction product of titanium

metal) . R . . . - . . . . . . . . . . . . . . Ppage 262

Figure 8.6, Typical cyclic voltammograms for the
oxidation of <titanium(III) (0.70M) in 0.60 mole fraction
KCl-ZnCla at 41 6°C (reaction product of titanium

MEtal) .« + o o o o o o o o o s o o o s+ o « o « « page 266

Figure 8.7. Typlical cyclic voltammogram for the
oxidation of +titanium(III) (0.70M) in 0.60 mole fraction
KCl-ZnCl. at 272°C (reaction product of titanium

metal) « .+ o o « s o o o s o e 4+ e 4 s e« e« + « « page 270

Figure 8.8, Typical cyclic voltammograms for the
oxidation of titanium(III) (0.34M) in 0.25 mole fraction
KC1l-ZnCla at 400°C (reaction product of titanium(IIiI)

chloride) . . . . ¢« ¢ ¢ ¢« ¢ ¢ ¢« ¢ 4« & « o« « o« + « Page 273



20

Table 2.1. Raman spectra assignments for the KCl1l-ZnCl.

SBYSTEM . . « « « o s+ o o o o e o o e e e e o o o . page 47

Table 2.2, Structural details for solid and molten zinc

Chlordide . ¢ v ¢« ¢ ¢« o o o &+ « o o o o« o &« s o+ o« « pPage 47

Table 3.1, Reagents and electrode materials . . page 82 .

Table 4.1, E° values for pure zinc chloride at

450°C v +« ¢ « o o o e o o & e 4 e 4 4 e e s e+ « page 98

Table 4.2, Least sqQquares analyses of emf/temperature
formation c¢cell data for alkali chloride-zinc chloride

SYSBTEMB . ¢ ¢ ¢ ¢ o o o o o +» 2 o s e o o o s « « page 100

Table 4.3, Selected +thermodynamic properties of =zinc
chloride calculated for the alkall chloride- zinc chloride

SYSTEmME .« ¢ &« + ¢ « ¢ ¢ o o o o e e e s+ o e « o« o Page 101

Table 6.1, Voltammetric Parameters for 0.065M

chromium(II) in 60/40 mole p.c. KC1/ZnC1l. at
388°C . . . . . . . . . . . . . . . . - - . . . Pa.g‘e 1 41
Table 6.2, Voltammetric Parameters for 0.15M

chromium(II) in 50/50 mole ©p.c. KCl/ZnCl. at 412°C,

‘333°C, 293°C, 260°C . . =+ +« o o o o 4 o « « pvage 141



21

Table 6.3, Stokes radii for chromium(II) in KC1-ZnCl.

and LiCl1-KCl meltsS. « « &+ o + o o« o« « o« o« « +« « + page 148

Table 6.4, Voltammetric Parameters for 0.35M
chromium(II) in 40/60 mole p.cC. KC1l/ZnC1l. at

BO0° v 4+ « o o o o 4 o e e 4 e 4 e 4w 4w 4 e W . page 151

Table 6.5, Voltammetric Parameters for 0.35M
chromium(II) in 40/60 mole P.C. KCl/ZnCl. at

312°C .+ ¢« « ¢ ¢ e « a4 o e s+ e e o e e s o e + « pPAE 151

Table 6.6, Voltammetric Parameters for 0.52M
chromium(II) in 39/61 mole pP.C. KC1/ZnCla. at

400° + ¢ o« o o o o o o e o o s e s e e e o + . page 156

Table 6.7, Voltammetric Parameters for 0.26M
chromium(II) in 40/60 mole p.c. KC1l/ZnCl. at

319°C v ¢ v e e 4 e e e e e e e e e e e e e« + . pPBREE 156

Table 6.8, Diffusion coefficients and Stokes radii for

chromium(II) in 0.4 mole fraction KC1-ZnCl:
MELlt +« +« ¢ « o e « o s o o o o o o & s+ o s « « « pPage 160
Iable 6.9, Voltammetric Parameters for 0.26M
chromium(II) in 30/70 mole P.C. KC1l/ZnCl. at

414°C . v . i st e s e e e e e e e e e e e 4 . page 164



22

Table 6,10, Voltammetric Parameters for 0.26M
chromium(II) in 30/70 mole D.C. KCl/ZnCl. at

328°C . ¢+ ¢ ¢+ e e 4 e s e 4 e 4 e 4 s e e« o « + page 164

Table 6.11. Voltammetric - Parameters for 0.58M
chromium(II) in 27/73 mole p.c. KC1/ZnCl, at

400°C . « =+ o o o o s s o o o o o 4 e 2 s e« o+ + pPBEE 168

Table 6.12, Diffusion coefficients and Stokes radii for
chromium(II) in 0.3 mole fraction KC1-ZnCl.

mel't . . ° . . . - . . . ) . . . . . . . . . - - Pa.ge 171

Table 6.13, Voltammetric Parameters for 0.023M
chromium(II) in 21/79 mole p.Cc. KC1l/ZnCl. at

400°C . . . . . . . . . . . . - . . - . . . . page 1 73

Table 6.14. Voltammetric Parameters for 0.081M
chromium(II) in 21/79 mole p.c. KC1/ZnC1l., at

414°C . . . .« « ¢ +« ¢ + « s e s 4 e e+ + . page 173

Table 6.15. Voltammetric Parameters for 0.57M
chromium(II) in 20/80 mole p.C. KCl/ZnCl. at

400°C & & ¢« &+ ¢ o + o « e o o 4 e 4 e« 4 e« « . page 177

Table 6,16, Voltammetric Parameters for 0.74M
chromium(II) in pure zinc chloride at

400°C....._...............page177



Table  6.17.
chromium(II)

400°C . . . .

Iﬁ.b.l.g___it-l-&l-
chromium(II)

400°C . .« . .

Table = 6.19.
chromium(II)

400°Cc . . . .

Table 6.20,
chromium(II)

398°C . I

Table 6.21.

chromium(II)

388°C . . . .

Table 6.22,

chromium(II)

405°C . . . .
Table  6.23.
chromium(II)

400°C . . . .

23

Voltammetric

in

.06/94

Parameters

mole

Voltammetric

in

54/46

mole

Voltammetric

in

40/60

mole

Voltammetric

in

Voltammetric

in

40/60

40/60

mole

Parameters

mole

Voltammetric

in

30/70

mole

Voltammetric

in

30/70

Parameters

mole

Parameters

Parameters

Parameters

Parameters

p.C.

P.C.

P.C.

P.C.

P.C.

pP.C.

p.Cc.

for

O0.72M

KC1/ZnC1la at

for

page 180

0.26M

NaCl/ZnCla. at

-

for

page 183

0.33M

NaCl/ZnCl. at

.

for

page 183

0.11M

NaCl/ZnCla at

for

page 187

0.075M

NaCl/ZnCl. at

3

for

page 187

0.10M

NaCl/ZnCla at

.

for

rage 191

0.27M

NaCl/ZnCl, at

page 191



24

Table 6.24, Voltammetric Parameters for 0.41M
chromium(II) in 15/85 mole p.C. NaCl/ZnCl. at
400°C . ¢ « « o 4 o 4 4 4 4 e 4 & e e« s+ e e+ . POAgEe 195
Table 6.25, X~-ray powder diffraction data for
chromium(III) chloride electrode deposit . . . . page 207
Table 7.1, Voltammetric Parameters for 0.09M
gallium(III) in pure zinc chloride at 400°C . . page 220
I_a,_‘nie_?_._a_._ Voltammetric Parameters for 0.07TM
g2allium(III) in 13/87 ‘mole p.C. KCl/ZnC1l. at
400°C +© v o « o o o o o o 4 e+ 4 4 e o« e e o+ . pPage 220

Table 7.3, Voltammetric Parameters for 0.032M

gallium(III) in 35/65 mole P.C. KC1l/ZnCl.

400°C &+ ¢ o o o + 4 o o o s e e e o s e« o + . paAge

at

225

Table 7.4, Voltammetric Parameters for 0.060M

g£3llium(III) in 40/60 mole p.Cc. KCl1/ZnCl. at
400°C . . +v +« 4 4« 4 « o o e s e« 4 e s e « + . pPage 225
Table Z.5. Voltammetric Parameters for 0.13M
gallium(III) in 40/60 mole p.c. NaCl/ZnCl. at
400°C . +« v 4« « + 4 e+ o + e = e e e . « + .+ . Page 233

Table 7.6, Voltammetric Parameters for 0.11M

£211iuam(III) in 50/50 mole p.C. NaCl/ZnCl.

405°C . - . . . . . . . . - - . . - . . - . . page

at

233



Table 7.7.

Table 8,1,

titanium(III)

Table 8.2,

titanium(III)

Table 8.3,

titanium(III)

Table 8.4,

titanium(IIX)

Iﬁ.b.lﬁ—-&nj—l.
titanium(III)

412°Cc . . . .

Mﬁ.
titanium(III)

412°Cc . . . .

Table 8.7.

titanium(III)

Voltammetric Parameters for 0.07M
gallium(III) in LiC1/KCl eutectic at 400°C . . page 244
Voltammetric Parameters for 0.60M
in pure zinc chloride at 350°C. . page 252
Voltammetric Parameters for 0.60M
in pure zinc chloride at 400°C. . page 252
Voltammetric Parameters for 0.60M
in pure zinc chloride at 440°C. . page 253
Voltammetric Parameters for 0.10M
in pure zinc chloride at 438°C. . page 253
Voltammetric Parameters for 1.00M
in 10/90 mole p.c KC1/ZnC1, at
. o . . . . . - . . - . . . . . page 258
Voltammetric Parameters for 0.36M
in 30/70 mole D.c. KC1/ZnCl, at
s« s s+ s+« + + « « . . . . . page 258
Voltammetric Parameters for 0.36M
in 50/50 mole P.cC. KC1l/ZnC1, at

400°C . . . .

25

pPage 261



26

Table 8.8, Voltammetric Parameters for 0.06M
titanium(III) in 50/50 mole p.c. KC1/ZnC1l. at
405°C . . ¢ ¢ . v v e v 4 e e d e e e e e+ . Page 261
Ia,.ble 8.9, Voltammetric Parameters for 0.06M
titanium(III) in 50/50 mole P.C. KC1l/ZnC1l. at
380°C . . .« ¢ v & ¢ &« « 4 4« 4« « 4« +« + . page 263

Table 8.10, Voltammetric Parameters for 0.06M

titanium(III) in 50/50 mole p.C. KCl/ZnCl,

338°C.....................pa.ge

at

263

Table 8.11. Voltammetric Parameters for 0.02M

titanium(III) in 50/50 mole P.cC. KC1/ZnCl,

4'00°C . L] L] . L L[] L . L] . . . L - L4 . . - . L] page

at

265

Table 8.12. Calculated rate constants for 0.06M

titanium(III) in 50/50 mole p.Cc. KC1/ZnC1l.

380°C assuming E,.Cs mechanism . . . . . . . Dpage

at

265

Table 8.13, Voltammetric Parameters for 0.70M

titanium(III) in 60/40 mole D.C. KC1/ZnC1l.

416°C........‘............4pa,ge

at

267

Table 8.14. Voltammetric Parameters for 0.70M

titanium(III) in 60/40 mole P.C. KC1l/ZnCla

346°C + ¢« ¢ 4 e o e o e e e e e e e e e e +« . paAgE

at

267



Table 8.15.
titanium(III)

310°C . . . .

I.&b.lE—_Q._‘Lé_._
titanium(III)

290°C . . . .

Table 8.17.

titanium(III)

272°C . . . .

Table 8,18,
titanium(III)

398Cc . . . .

Iable 8.19.
titanium(III)

382°c . . . .

Table 8.20,
titanium(III)

236°C . . . .

27

Voltammetric Parameters for 0.70M
in 60/40 mole P.C. KC1l/ZnC1l. at
e e 4 4 4+ + e e + e 4 4 e + . page 268
Voltammetric Parameters for 0.70M
in 60/40 mole p.C. KC1l/ZnCla. at
e+ e 4 e 4 e e e e e « e + . pPage 268
Voltammetric Parameters for 0.70M
in 60/40 mole p.C. KC1/ZnCl. at
e e e 4 e e e e 4 e 4 e e « . pPage 268
Voltammetric Parameters for 0.34M
in 25/75 mole p.c. KC1/ZnCla at
e e e e e e e e 4 e 4 4 e + . Page 272
Voltammetric Parameters for 0.012M
in 44/56 mole p.C. KCl1l/ZnCla at
e e s e e e e e 4 e 4w « e« « . page 276
Voltammetric Parameters for 0.012M
in 44/56 mole P.C. KC1/ZnCla at

page 276



28

1.1 General

This thesis is concerned with electrochemical reactions
in molten zinc chloride and ite mixtures with alkali metal
chlorides, and with the thermodynamics of the mixtures.
Interest in the properties of such melts arises from both
practical and theoretical considerations.

In the molten state pure zinc chloride is considered +to
be an associated liquid, as .is indicated by the relatively
high viscosity and low electrical conductivity. However,
the addition of an alkali chloride will break up the
network structure of the melt, forming entities such as
"ZnCls*". This 1latter interaction may be interpreted
ag a Lewilis acid-base reaction of the base (alkali
chloride) with acidic zinc chloride, forming a mixture of
lower Lewis acidity, as compared with the pure =zinc
chloride melt.

By analogy with melts based on the Lewis acid aluminium
chloride, which 1is also an associated liquid in the pure
state, the Lewis acidity of zinc~chloride-alkali chloride
melts is expecfed to change relatively abruptly at certain
critical melt compositions. This change 1s a consequence
of changes in the activities of the melt components; such
variations can have marked effects on the behaviour of
solute species (e.g. metallic compounds) in these melts.
For example, a soluble speclies may become insoluble, so
that precipitation could be induced by a change in melt

composition. Furthermore, miscibility gaps are kxnown to
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occur in aluminium chloride-based melts, leading to
two-phase systems. Phenomena such as the above have
obvious potential for the development of metal extraction
and refinement processes (1). These aspects will Dbe
considered further below.

1.2 Thermodynamice of Molten Salt mixtures

Basic aspects of ‘thermodynamics relating to molten
mixtures have been considered by Bloom (2). The following
discussion 1s partly taken from this work. More involved
treatments can be found 1n other reviews of fused salt
chemistry (3,4,6).

In theory, the activity of a component in a solution
may be determined by measuring the emf of a formation
cell. A generalised cell for a molten chloride system
ACl, + MCl (A= divalent metal,M= alkali metal) would be:

A / ACl. + MC1l / Cl. (&),C
The metal electrode A can be either liquid or solid. Both
electrodes must be reversible, that 1is, the potential
determining reactions must occur sufficiently rapidly so
that emﬁlibrium potentials are established at both

electrodes.

In the formation cell shown above, the overall reaction
corresponds to:
A + Cla ——=> ACla (1.1)
The emf of the cell is related to the free energy change
of reaction (1.1) by the well-known relation:
AG = —-nFE (1.2)

Also, from the Nernst equation, the followihg relation is
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obtained:

E = E° - (RT/2F)1ln (ACla) (1.3)
assuming that both chlorine gas and the metal A are at
unit activity. E° is the cell potential when +the pure
divalent metal chloride is the cell electrolyte; i.e unit
activity of ACl.. Calculated values of E° have been
tabulated for a large selection of metal chlorides (5).

Thus the thermodynamic properties of +the ACl:-MCl
mixture may be derived from the formation cell emf. For
the pure ACl., the thermodynamic qQquantities for

reaction (1.1) may be expressed as follows:

AG® = —2FE° (1.4)
AS° = 2F(BE°/BT)» (1.5)
AH® = 2FT (BE°/»T)», -2FE° (1.6)

Analogous relations may be written for ACl: in +the
mixture with MCl, in terms of the cell enf E.
Partial molar thermodynamic quantities may be defined

for the mixture:

AG = AG - AG® 1.7
= -2F(E-E°) (1.8)
= RTln (ACl.) (1.9)

Equation (1.9) defines +the activity of ACl.. Similar
expressions may be written for the enthalpy and entropy of
mixing, for example:
AS = 2F[(YE/BT)» - (BE°/BT)»] (1.10)
If the components of MCl.-ACl form an ideal solution,
then:
AGiess = RT1n x (1.11)

where X 1s the mole fraction of +the divalent chloride.
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Also:
AHggen = 0 (1.12)
ASiaes = -R1ln x (1.13)

To express deviations from d1ideal behaviour, excess
partial thermodynamic functions may be defined, for
éxample:

AG® = AG-AGiasa (1.14)
=RT1ln (ACl.) - RT1ln x ~(1.15)
=RT1ln ¥ (1.16)

(Y = activity coefficient).

In order to calculate the thermodynamic properties for
the second component of a binary mixture (mole fraction
X, 8ay), the Gibbs-Duhem relationship may be employed:

dAGs = = (X:/Xa) dAG, (1.17)
Equation (1.17) may be re-written in terms_of activities
or activity coefficients for mathematical convenience, and

integration between 1limits x.=1 (¥a=1) and xs ylelds
X,
ln ¥a = - /(Xq/Xa) dln Y. (1.18)
1

Thus a plot of x/%Xs versus ln ¥ enables ln ¥ to

be evaluated by graphical integration.

1-3

"Ideal" sait melts may be considered as being made up
of anions and cations, with positive ions surrounded by
negative and vice-versa. The assumption of random mixing
of cations with cations and anions with anions gives +the
ideal entropy of mixing as:

AS=—-Ran ln X» (1.19)
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where the summation is taken over the cations and anions
r of the mixture AX+BY, n denoting the number of moles and
X the ion mole fraction (=n./(m+n) for the cation
mole fraction of A, for example.). The Temkin rule for
activities may be derived from (1.19):

(AX) = Xa.Xx (1.20)

(BY) = Xa.Xx (1.21)
Hence, for a mixture AX+BX, x:=1, and thus the activity
of say, AX, 1is equal to its mole fraction.

If a2 divalent cation is mixed with a monovalent cation,
vacancies will be created in the cation "lattice". These
holes however apparently do not affect the configurational
entropy of mixing and hence the activity may be calculated
from +the Temkin model.Again, this leads to the relation
that the activity of say, AXa, 1s equal to the mole
fraction.

However, in most molten salt systems, significant
interaction occurs between the various ions on mixing,
leading to a change in enthalpy and possibly in
configurational entropy. If the entropy of mixing is thus
ideal (a ‘'regular" solution), +then for example, the
activities in the mixture AX+BX. (6) are given by :
RT1ln (BXa) = RT1lnXa + 2bx:*/(1+x.)* (1.22)

RT1in (AX) = RT1lnx. + 4bx*/(1+xa)® (1.23)

(Xy, Xz, respective mole fractions of AX, BXz).

Here b is a constant which takes into account the various
cation interactions in the system.

If the components of a system interact so strongly that

complex ion formation may be supposed, then it is 1likely
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that the above equations will not be closely obeyed. Such
mixtures include KC1-MgCla, NaCl-AlC1,, and melts
based on ZnCl.. The properties of such systems ma.y
sometimes be approximated by assuming a mixture of ions,
e.g. k', c1-, and CdCls& 1in +the case of the melt
CdCl.-KCl, and that these ions form an ideal mixture
(2). The Temkin model may then be applied, giving:

(KBr) = Xxt.Xar— = (%1—2Xa)/(X1—Xa) (1.24)
(CABra) =Xca?+ . X%~ = (Xa— . 5X1) / (Xa+ . 5X1)

«{(2%a=%4) / (2%a— . 5X4) }* (1.25)

where x: and X represent the mole fraction of KBr
and CdBr. respectively.
These latter equations give a reasonable fit to the
measured activities when these are greater than about 0.2
(fig. 1.1), but are otherwise too small. This 1s probably
due to the dissociation of the cadmium complex ion at
compositions around o0.67 mole fraction KBr. In these
instances probably a range of complex ion equilibria
should be considered, as has been done for
chloroaluminates (see below).

The tendency to form "complex ions", i.e. the strength
of interaction between the basic and acidic melt
components in alkali halide mixtures increases markedly
with increasing size of alkali ion, due +to enhanced
halide ion donor ability. This is shown, for example, in
mixtures with MgCl. (6), where +the heats of mixing
increase significantly on passing from Li to Cs. Thus a
whole range of ion interactions may be encountered in

melts, culminating in the stable complex ion.
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(

Figure 1.1, Calculated (- - -) and experimental

activities for potassium bromide and cadmium bromide in

KBr-CdBr: melts at 600°C, assuming the formation of

CdBr- ions.
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(From M.A.Bredig, J. Chem. Phys. 3. 451, (1962))
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The models outlined above may be refined by taking into
account non-random association of ions (3,6), and also may
be applied to multi-component systems. In the case of a
sufficiently dilute solute in a generalised binary system
A + B, Blander et al (8) have derived a general equation
relating the activity coefficient Y. of the solute C, as
a function of compogition, to the solute activity
coefficients  (Yowr . ¥om) in +the +the pure components.
This is:

z
1/%e = i§=2 oZ!/{ (Z-1)1/741}) . { (Xa¥a®) / (Focar'/®) } =4
« { (X2¥2*) / (Yom'?) }*. exp (- g% /RT) (1.26)
where 2 1s +the coordination number of C, t=1/Z for a
binary system with a common anion, Xa, Xs are mole
fractions, ¥Ya, Y¥s are activity coefficilents, and the
g®s term represents an excess free energy of mixing of
A and B in the coordination shell of C.

This approach, the "Coordination cluster theory" has
been successfully applied to binary alloys, and
qualitatively to solutes 1in chloroaluminate melts (see
below), where % is set to zero (equivalent to
assuming that all B-C interactions are equal).

1.4 Chloroaluminate Melts

These might be considered +the 'model" systems from
which to deduce the properties of chlorozincate melts.
Theoretical interest in these AlCl;-based systems arises
from the fact that enormous changes 1in basicity can be
achieved by relatively small composition changes, and this

can cause dramatic variations in solute behavior (e.g.



36

solubility, oxidation state stabllity). A further
advantage of these systems is that relatively low melting
temperatures (<200°C) are found over a wide composition
range. Indeed, mixtures of aluminium chloride with the
chloride salts of large organic cations (e.g.
n-butylpyridinium) result in the so-called
“"room-temperature" molten salts.

To understand the reasons for such behaviour, it is
necessary to consider the properties of pure aluminium
chloride. This compound is electron deficient
(electron-pair acceptor or Lewis acid) and on melting
forms chloride-bridged polymers. It is thus a low-melting
molecular liquid, and of low specific conductivity.

However the addition of alkali chloride results in the
formation of complex ions such as AlCls and, for
example, the predominant equilibrium near the equimolar
point in NaCl-AlCl, melts is:

2A1Cls = Al.Cl,s + C1- (1.27)

with a mole fraction equilibrium constant at 175°C of
1.1%107 (9. Thus AlC1ly is the major anionic
species in the equimolar melt, with the
heptachloroaluminate anion becoming more abundant in
AlCl;-rich (acidic) melts, and conversely, +the presence
of the simple chloride ion becomes significant in
NaCl-rich (basic) melts.

In order to quantify the acid-base properties of
chloroaluminate melts it has become customary to refer to
a quantity -1n aa- = pCl-, deduced from the enf

varlation of concentration cells such as:
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Al/NaCl(so0lid)-Al1Cls//NaCl-Al1Cls/Al

However Saboungi and Blander (10) have argued +that thise
concept can only provide a relative basicity scale for a
given melt and that a more satisfactory quantity is the
activity of NaCl, or better, of AlCl,, since this salt
is common to all chloroaluminates. It was shown by the
latter authors that 1t is possible to relate pCl- to -1ln
3mc: (10) but that these quantities may differ greatly
according to melt composition and temperature.

One striking feature of the concentration cell
formulated above is that the emf changes abruptly by over
300mv as the AlCl; content changes from .500 to .504
mole fraction (10). This 41is analogous +to a strong
acid-base +titration in aqueous solution where 1large
changes in p»H are observed. In thermodynamic terms the
activities of AlCl; and NaCl vary by ten orders of
magnitude around the .5 mole fraction composition (fig. 1.
2). The effect of such variations on solute species in
these melts can be pronounced; for example substances such
as NiCla or UCl; though soluble in relatively Dbasic or
relatively acidic melts, become virtually insoluble at the
.5 mole fraction composition (11). This behaviour is
predicted by the coordination cluster theory of Blander et
al (8). If an idealised solute is considered, that is, one
having similar activity coefficients in pure AlCl;s or in
pure NacCl, then the calculated activity coefficilient
exhibits a pronounced maximum at the .5 mole fraction
composition, thus indicating insolubility (fig. 1.3).

One further consequence of these pogitive deviations
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Figure 1.2. Activities of aluminium chloride and sodium

chloride in NaCl-Al1lCl,; melts at 175°C.
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Figure 1.3, Activity coefficients of an idealised solute
s in NaCl-Al1lCl, melt at 175°C, as calculated from the

coordination cluster theory.
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from ideality 1s the existance of miscibility gaps, for
example, in the LiCl1-KC1l-AlCl; system (12). Such two
Phase systems may be employed in solvent extraction
processes (1).

To continue +this discussion on chloroaluminate melts,
some specific examples of solute chemistry will ©be
considered. As indicated above, these melts provide acidic
or basic media according +to composition. In fact the
acidic melts show certain analogies with so-called
"superacid" systems, eg HSO;F-SbF, (13). In these very
acidic media unuswally low oxidation states of elements
may be stabilised, for example in AlCl;-NaCl the cations

Bi,”* may be formed (14), where x= 1,5,8 and y= 1,3, 2

respectively. These species are in equilibrium with
Bi¥, eg:
6Bi* —-—~-> Bi,*» + Bi* (1.28)

For this equation, the equilibrium constant favours the
right-hand side in 2ZnCl.-KCl melt, but 1in the more
acldic AlCl;-NaCl solvent a marked shift to the left is
found. Generally, an increase in acidity favours Bi*' at
the expense of Bi*, which illustrates the principle
that the higher acidic oxidation states of metals are
stabilised 1in basic melts, and conversely. that acidic
melts favour the lower oxidation states.

In certain instances the lower oxidation state can be
isolated as solid salts eg; Cdz** (A1C147)a (16);
gallium (I) tetrachlorocaluminate (15); and salts of the
bismuth cations described above (14).

Moving on to the non-metals, it is similarly found that
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low positive oxidation states can be produced in acildic.
chloroaluminates for such elements as iodine (17), sulphur
(18) and selenium (19). Again, solid compounds can be
isolated, e.g. Is;A1Cls (17). The negative oxidation
states may show basic behaviour by releasing chloride ions
i.e.

S* +AlCly = A1SCl + 3Cl- (1.29)

This equilibrium is shifted to the 1left 1in basic melts
(21) .

The acid-base properties of chlorocaluminates may also
influence the electronic spectra of species in the melts
by giving rise to coordination changes. For example,
nickel(II1) and cobalt(II) both show a +tendency towards
octahedral configurations over tetrahedral with increasing
melt acidity (20,22). This effect 1is explained by the
polarisation of the <chloride 1ions by the Al* cation,
reducing the electron pair donation, so that the solute
cations require a higher coordination number for effective
charge neutralisation.

One further consequence of these acidity variations of
potential application to metal refinement processes may be
mentioned: the fact that the distribution coefficient of a
solute between metal-melt phases can be maximised by
adjustment of the melt composition. An example 1is the
partition of actinide elements between molten
aluminium-A1C1l,-KC1l phases as studied by Moore (1). A
sharp maximumin the distribution coefficient (metal phase
preference) was found at the 1:1 mole ratio, and separate

equilibria were proposed for acidic and basic melts.
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Finally, a comparatively recent topic of study is the
effect of acidity changes on organic reactions in
chloroaluminates (23). Organic bases such as amines (e.g.
dimethylaniline) appear to form adducts with acid moieties
in the melts and thus give rise to a pCl--dependent
chemistry.

1.5 Applications of Zinc chlorjide-based melts

Several processes exploiting the acid-base properties
of zinc chloride are currently being developed. Of direct
relevance to this research is the '""Pyroredox'" process for
the, refinement of low-grade plutonium scrap (24). The
first step is the oxidation of plutonium metal:

2Pu(impure) + 3ZnCl: ---> 3Zn + 2PuCl, (1.30)
This 1is carried out at 750°C in ZnCl.-KCl melt. The
second step involves reduction by calcium metal at
850°C:
2PuCl; +3Ca —--> 2Pu + 3CacCla (1.31)

The principal use of this procedure has so far been for
the upgrading of spent anodes employed in electrorefining,
whereby plutonium 1is oxidised 1into a chloride melt and
redeposited. The major impurity 1is gallium, added +to
ensure a critically safe anode. This metal is not oxidised
into the salt phase in step(1) but concentrates in the
heavier zinc metal phase. Other more reactive impurities
e.g. americium, aluminium and rare earths <transfer with
plutonium into the salt phase. These latter elements
together with excess zinc chloride are reduced to metal in
step(2). However the plutonium metal is now of sufficient

purity (95%) to be effectively electrorefined.
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Obviously the efficlency of the pyroredox process
depends wupon the selective oxidation of plutonium in
step(1) and the solubility of plutonium(III) and
impurities in the resulting salt phase, factors which
might bDe influenced by controlling the acidity of the
mixture.

Another application of current interest is the use of
zinc chloride as a hydrocracking catalyst. For example,
polynuclear aromatics may be cracked to benzene and
alkanes. Work by Salim and Bell (25) has indicated that
zinc chloride is a more selective catalyst than aluminium
chloride: +though the latter compound is more active, it
also promotes the formation of tarry materials. In the
case of zinc chloride, the catalytic species may in fact
be a protonic acid formed thus:

ZnCls + HaO ----> H'[ZnCl.0H]" (1.32)
Other species may also be invoked (26). Water, of course,
is a common impurity in <2£inc chloride, and in any case may
be formed during the cracking of oxygen-containing
compounds. Its presence has indeed been shown to enhance
the catalytic activity of zinc chloride (25).

Mixtures of zinc chloride and other transition metal
chlorides have also ©been investigated as catalysts,
examples being CrCi,, CucCl, and MoCl, (28). These
chlorides are individually weaker catalysts than 2inc
chloride, but act to enhance the activity of the latter
substance. Still greater enhancement is achieved by the
use of ternary or quarternary melts with alkali metal

chlorides (28.29). However the interactions occurring in
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such melts are still largely unknown.
1.6 Provnoged research

These +two processes describe above indicate that a
study of the reactions of metal halides 1n zinc chloride-
based melts would be frulitful in facilitating the further
development of such applications. It was also of interest
to re-determine the activities of the melt components in
the sodium chloride and potassium chloride-containing
systems and use +these as a basis for interpreting the
behaviour of solute species. For the activity
determinations, conventional formation cells were most
likely to deliver unambiguous data; however these can
present considerable experimental difficulties. Thus, the
in-situ generation of formation cells by a novel current
rulse technique was explored, as well as the
""conventional" formation cells, and a concentration cell.

The solute species investigated were chromium, gallium,
and titanium, chosen because:

a) their chemistry had previously been studied in other
chloride mel+ts.

b) they have multiple oxidation states, whose behaviour
could be studied as a function of melt acidity.

c) their study was relevant to the pyroredox process.

The main technique employed in the solute studies was
cyclic voltammetry, a method which is particularly suited
to the elucidation of new systems, yielding data on
oxidation states, redox potentials, kinetic ©behaviour,
etc, from short time scale experiments. The technique is

reviewed in chapter five.
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2.1 General

Relatively few studies have been carried out on certain
aspects of zinc chloride melts of relevance +to +this
thesis. However, useful comparisons can often be made with
the more extensively studied aluminium chloride-based
melts, since the latter compound, like zinc chloride, 1is a
(stronger) Lewilis acid, and an associated 1liquid in +the
pure state.

Analogies may also be made with melt systems of form
ACl.-MC1, for instance, the cadmium chloride
-potassium-chloride mixture. Differences in Lewis acidity
and the structural units present in such melts will of
course cause variations in solvent properties.

2.2 Melt vpreparation and reactivity with water

The presence of water has long been recognised as an
undesirable impurity in molten chlorides, and a number of
studies have presented evidence for the hydrolysis

reaction (see e.g. 27,30):

H.O0 + 2Cl- --—--> 0O* + 2HC1 (2.1)
For example, in NaCl-ZnCl. melt at 360°C, the
equilibrium constant for reaction (2.1) has been

determined by means of of an oxide-responsive electrode
as 1.9X107 (31 ),a surprisingly 1low value considering
the hygroscopic nature of zinc chloride at room
temperature. However, +the anhydrous substance at 90°C is
apparently not deligquescent if the water vapour pressure

is less than 10mm Hg (32 ). Also, molten zinc chloride in
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a2 hydrocracker at 400°c is not readily hydrolysed,
though reactions with ammonia and hydrogen sulphide go +to
completion (33 ). Neutron diffraction studies of pure zinc
chloride melts 1indicate that water molecules only enter
the first coordination sphere of zinc at relatively high
H.0-C1l- ratios (2:1) (34 ). The mixtures with alkali
halides are considerably 1less hygroscopic at ambient
(and higher) temperatures and less readily hydrolysed
(35).

However, commercial zinc chloride contains consilderable
amounts of moisture. To purify the compound, the.
procedures reviewed by White (36) may be invoked.
Non-chemically bound water can be removed by warming under
vacuum, while oxide, hydroxide etc, may be converted to
chloride by treatment of the melt with hydrogen chloride
gas or chlorine . The latter substances may subsequently
be purged from the melt by flowing argon. The treatment is
completed bLY controlled—poteniial electrolysis to remove
metallic impurities, followed by filtration. The authors
reviewed in this survey have generally employed some or
all of these stages; particularly the treatment with
hydrogen chloride or chlorine. Estimations of melt purity
are rarely reported, though for KC1l-2ZnCl. melts,
treatment with HC1l for 2-3 hours can achieve an oxygen
content of < 500ppm (analysis by neutron activation) (37).
The alternative approach to preparing dry =zinc chloride,
i.e. from the anhydrous elements, has rarely been used.

Finally, it may be noted that it 1s uncertain to what

extent soluble oxychlorides may be formed in zinc
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chloride-based melts or even 1in chloroaluminate melts.,
though 1nsoluble oxides are known to be formed by
hydrolysis (38).
2.3 Structural studies

Early raman spectral studies of pure zinc chloride
indicated that, at almost 200°C above the melting point,
the majority of 2Zn-Cl bonds are bridging rather than
terminal (39) suggesting a polymeric structure is retained
even at this temperature. Progressive additions of an
alkali chloride e.g. potassium chloride causes a reduction
in intensity of the bands due +to bridging Zn-Cl bonds,
while the intensity of the terminal bonds 1is 1initially
increased, but then decreases. At the 2ZnCl.. 3KC1
composition, the bands attributed to ZnClaéa3 dominate
the spectrum. A recent raman study (40) supports +this
model of progressive depolymerisation on addition of

potassium chloride to the melt. Table 2.1, taken from this

reference, shows +the various speclies assigned to the
observed raman bands in ZnCla.-KC1 mixtures:
(ZnC1l.)., ZnCla, ZnC1l*, ZnCly, and

ZnCls” are all postulated.

Thus the raman data can be i1interpreted to provide a
picture of largely covalent polymeric melts dissociated to
varjious degrees 1nto 1lonic speclies. A rather different
view was taken by Biggin and Enderby (41). On the basis of
neutron diffraction studies, the authors concluded that
pure molten zinc chloride has a structure explainable by a
largely ionic Zn-C1l bond. The anomalous transport

properties attributead to "agsociation", i.e. high
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Table 2.1 Raman Spectra assignments for the KC1 - ZnC1 2 system.
) -1 Qa
compn Raman shift Ay, cm
ZnCl, 233 233 292
2ZnCl,-1KC1 233 292
1ZnCl1,-1KCl1 8S 292
1ZnCl,-2KCl 92 280
1ZnCl,-4KCl 92 280
assignt poly ZnCl* ZnCl,"
InCl, s w 226s,p 250 w 305w 306 w
4ZnCl,-1IKCl 80w 226’5, p 288 w, p 349 w
2ZnCl,-1KC1 5w 226's,p 290w, p 344w, p
1ZnCl,-1KCl1 80w 125 w 218 vw 292 m, p
2ZnCl,-3KCl1 0w 120 w 294 s,p
1ZnCl,-2KC1 IS w 124 w 283 s,p
assignt poly, b, def poly, b poly, b poly, t poly, t poly, t
ZnCl, 230 266 305
assignt poly ZnCL,* " ZnCl,
ZnCl, 80 w,d 90,w,d  227,s,p 270 w,p 310w, p 350 vw
9ZnCl,-1KC1 82w,d 106 2, p 230s,p 262 w,p 300w, p 340 w,p
7ZnCl1,-1KC1 9Sw,d  232s,p 260 w 304 w,p 350w, p
4ZnCl,-1KC1 80 w,d 106 w, d 230 m,p 260 vw 36 .. w
3ZnCl,-1KCl1 80 w,d 106 w,d 230m, p 304m,p 350w
2ZnClL-1KC1 95 w,d 235 w,d 290s,p 34w
1ZnCL-1KCl 80 w,d 95 w,d 230 vw 290s,p 310 vw 350 vw
1ZnCl,-3KC1 230 vww 270s, p 360 vvw
assignt poly Zn-Cl-Zn®  ZnCL*"  ZnCl," ZnCL, ZnCl*
1ZnCL-1KCl  75d 230p 295 5,p
5ZnCL-6KCl  75d 230p 291s,p
3ZnCL-4KCl  75d 290 s, p
2ZnCl,-3KC1 75d 286 s, p
1ZnCL-2KC1 110d 280s, p
assignt ZnCL* poly®
a, Abbreviations: s, strong; w, weak; vw, very weak: vvw,
very very weak: p, polarised; d, depolarised; b, bridge
Zn-Cl stretch; def, deformation; t, terminal Zn-Cl
stretch; poly, (ZnCl.). polymer. b, The band is
assumed to be associated with an unstable species
containing at least one Zn-Cl-Zn stretch. c, These bands
are assigned to a smaller (ZnCla). polymer.
(from ref. 40)
Table 2.2 Structural details for solid and molten ZnC]2
Zn-Zn CI-Cl Zn-Cl
Distance Coordination Distance Coordination Distance Coordination
Form of ZnCl, (A) number (A) number (A) number
asolid 3.82 4 3.82 8 2.34 4
Bsolid 3.77 4 3.78 12 2.31 4
y solid 3.70 4 3.70 "8 2.27 4
4 solid —_ 4 3.7 12 2.27 4
Glassy state at 120 K (EXAFs) — — —_ — 2.34 5.22
Liquid state at 603 K (EXAFs) — — - — 2.35 5.07
Liquid at S96 K (x-ray) 3.66t 4t 3.85¢ 12t 2.29t 4t
Liquidat 600K (N.D.) 38x0.1 4708 3.71£0.02 8.6x0.5 229+0.02 43=x03

t These are the valucs of the input parameters used in a ncar-neighbour model to give the best fit to the total x-ray pattern.

(N.D.=Neutron Diffraction)

(from ref. 41)
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viscosity as compared with, say, molten SrCla or
BaCl:, are instead attributed +to +the close packing of
Cl- in +the melt, providing tetrahedral sites for the
Zn* 1ions, and restricting the mobllity of the 1latter.
Table 2.2, reproduced from this reference, compares Zn-Zn,
Cl-C1 and Zn-C1l distances and coordination numbers
obtained by various techniques; the results of Biggin and
Enderby (41) seem to indicate that 1liquid zinc chloride
most closely resembles the gamma form of the solid which
has layers of cubic close-packed chlorine atoms, with zinc
in tetrahedral holes between altermate layers. A computer
simulation of molten zinc chloride (see ref. 41) based on
an ionic model was considered +to confirm the neutron
diffraction results.

It must be pointed out that X-ray evidence (42)
suggests that the alpha, beta and gamma forms owe their
structure to the presence of small amounts of hydroxyl
groups (due to the aqueous preparative methods) and thus
are not true polymorphs.

2.4 TIransport and vphysico-chemical properties
2.4.1 General

Janz et al (43) have systematically reviewed
determinations of electrical conductance, density,
viscosity and surface tension in molten zinc chloride and
its mixtures up to 1975. Each reference was critically
evaluated, and the most reliable data selected on the
basis of the experimental technique employed, and
staistical analysis of +the results. Since 1975 only a

handful of determinations appear to have been carried out.
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Of most interest are those due to Ejima et al (44,45,46),
who attempted to relate changes in transport properties of
zinc chloride-alkali chloride mixtures (M=Li,Na,K,Cs) +to
composition changes. The results for various properties
are considered briefly below.
2.4.2 Electrical conductance

For the pure =zinc chloride measurements of specific
conductance (K) carried out by numerous workers are found
not to agree closely over a wide +temperature range,
possibly due to variations in melt purity (47). The
conductance does not obey the Arrhenius equation, that is,
a plot of 1n K versus 1/(absolute temperature) is curved.
This is evidently due to structural changes resulting in
rapid conductivity increases as the temperature rises. For
the alkali chloride binary mixtures, the conductivity
variations do not show any marked maxima or minima, as is
found, for example, at the 50:50 moleZ composition in
KC1-A1Cl; melt (48,49), corresponding to +the relatively
abrupt changes in component activity at this point (figs.
2.1 and 2.2).

2.4.3 Density

Janz et al (43) have recommended the data of Bloom and
Weeks (49) for the pure zinc chloride. For the alkali
chloride binary mixtures, EJima et al (44) supplemented
the data of the 1latter authors +to obtain consistant
results over the entire composition ranges. The excess
molar volume and partial molar volume exhibited "very
complicated" behaviour with both temperature and

composition. From the variation 1in thermal expansion
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Figure 2.1. Typical conductivity isotherms obtained for

the KCl-ZnCl. melt. (from ref. 48). |
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coefficient with increasing alkali chloride content, a
change from associated liquids to ionic melts was inferred
at the 50:50 moleZ composition.

2.4.4 Vigscosity

Ejima et al (45,46) have also obtained results for the
viscosities of the 2ZnCl.~-MCl systems (M=Li,Na,K,Cs). 1In
contrast to lithium and sodium-based melts, potassium and
cesium binary mixtures after an initial decrease with MCl
content, showed maxima in viscosity and activation energy
at the 66moleZ MCl compositions, which the authors
correlated with +the formation of ZnCld#, due to the
greater Cl- donor ability of KCl and CsCl. However,
Bloom (2) has observed that there appears to be 1little or
no relationship between complex formation and viscosity.
For instance, there 1is no obvious correlation between
viscosity and conductivity minima in the KC1l-CdcCl.
system.

The viscosity of pure zinc chloride, like the
conductivity, exhibits a curved Arrhenius plot (45).

2.4.5 Phase diagrams

Phase diagrams for MCl-ZnCla systems are reproduced
in figure 2.3. These are taken from Janz (43), apart from
the LiCl and KCl-based binaries, which are more recent
assessments (50,51). The wusual trend towards greater
complexity as the alkalli metal cation 1increases in size
(2) can be observed. The KCl-ZnCl. system, for example,
forms three eutectic mixtures, with respective =zinc
chloride contents (mole%) and melting points:

31.5, 432°C; 54, 230°C; 72, 262°C (37).
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The LiCl-KCl-ZnCl:. s8ystem 1is8 reported to have a
miscibility gap (51).
2.4.6 Yapour presgure

The vapour pressure of zinc chloride, both pure and in
its mixtures with alkali chlorides (M=Na,K), has been
determined as a function of temperature by Moss (52) and
Bloom et al (53). At 500°C, for example, the vapour
.pressure of pure zinc chloride 1is roughly 1mm Hg.
Robertson and Kucharski (54) determined vapour Dpressure
relations for KC1-ZnCl: and CsCl-2ZnCl. mixtures. The
vapour pressure decreases with increasing size of alkali
metal cation, and was apparently not significant for CsCl
mole fractions >0.48, up to 800°C, showing the greater
chloride ion donating ability of the cesium cation, which
produces a corresponding decrease 1in ZnCl: activity.

In the KCl-ZnCl: system, complex vapour phase species
have been postulated, e.g. KZnCl; and 2Z2nCl. dimers
(52). The latter speciles is also thought to occur in the
vapour of pure zinc chloride (53).
2.5 Electrochemical studies
2.5.1 Formation and concentration cells

These cells have frequently ©been used with molten
chloride electrolytes. For obtaining accurate
thermodynamic data, the formation cell i1s preferred over
other types (e.g. concentration cells) as these cells do
not give rise to unknown Jjunction potentials. The simplest
configuration of formation cell involves a metal
electrode and a chlorine electrode dipping into the

melt.The only recent and reliable values of emf for the
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cell: 2Zn/ZnCl.(+MCl)/Cle.,C (M= K,Rb,Cs8) would appear
to be those of Robertson and Kucharski (54). These authors
used a cell which minimised 1loss of zinc chloride by
volatilisation. The salts were purified by dehydration
under vacuum, followed by fusion under hydrogen chloride
gas, which was then bubbled through the melt. The chlorine
electrode was pre—-saturated with the gas. Stable,
reproducible potentials were obtained after saturating the
melt with chlorine gas; in the case of zinc
chloride-melts, this could take up to one day. The results
were corrected for the lowering of the chlorine partial
pressure by =zinc chloride vapour (significant above
500°C) .

The authors also compared their results for
E°(ZnC1l.) with values calculated from thermochemical
data (5,55-57). The results agree well with one set of
thermochemical data (57), but considerable differences are
observed between the other sets of E° data (fig. 2.4).

Figure 2.5 shows a plot of zinc chloride activity
versus mole fraction for the MCl1-ZnCl. systems, derived
from cell data at varying temperatures, where M=Li (58),
Na. (59,60), K,Rb,Cs (54) (see also below). A consistant
trend of increasing negative deviation from ideality with
increasing cation radius can clearly be seen, though more
data at similar temperatures are required for a better
comparison.

Formation cells of type:
Na/Na*-conductor/ZnC1l.+NaCl/Cla,C where the reactive

sodium metal must be isolated from the melt, have also
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been studied. For example, Flinn and Stern (61) have
investigated the membrane potential of sodium beta-alumina
in HCl-treated ZnCl.-NaCl melts, and concluded +that the
sodium ion selectivity of the beta alumina was similar to
that of pyrex glass, 1i.e. virtually 100%Z sodium ion
conduction. However 1in the same paper 1t was also shown
that zinc ions could be incorporated into the sodium beta
alumina if electrolysis was carried out, reducing the
conductivity. The zinc was not removed by reverse
electrolysis.

Again 1in the HCl-treated NaCl-ZnCl: system, Dudley
and Inman (60) determined the activity of sodium chloride
using the formation cell formulated above. Figure 2.6
shows the variation of sodium chloride activity with
composition, and also the change in zinc chloride activity
calculated by the Gibbs-Duhem integration. The cell emf
was found to vary with temperature according to the Nernst
equation, E=E°-(RT/F)1n amc, indicating a reversible
cell reaction. This study demonstrates that the change in
sodium chloride activity 1s not so abrupt as 1in the
analogous aluminium chloride system (10), though
considerable deviation from ideality does occur.

The latter results may be compared with those of
Lesourd et al (59). These researchers employed the cell:
Zn/ZnCl.+NaCl/pyrex/NaNO;/AgCl,Ag. Figure 2.5 shows
these results for the activity of zinc chloride. It can be
seen that the values of Lesourd et al indicate a greater
positive deviation from ideality than do the formation

cell results of Dudley and Inman (60). The latter values
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are however to be preferred, since the 1interpretation of
the cell emf ag reported by Lesourd et al involves a
number of free energy terms of questionable accuracy, and
also a possibly significant ligquid Junction potential.

The latter workers (58) also reported results for the
equivalent cell containing LiCl in place of NaCl; this
system showed a greater positive deviation in the 0-0.5
mole fraction alkali chloride region (fig.2.5).

Matsunaga and Hosokawa (62) studied the dependance of
zinc electrode potential in the concentration cell:
Zn/ZnCl:(reference) +NaCl/ZnCl.(x) +NaCl/Zn
A pyrex membrane was used to separate the two solutions,
acting as a sodium ion conductor. A chlorine electrode was
also coupled with the reference half-cell, and the
variation in chloride ion activity with composition was
deduced, at 450°C. The single 1ion activity, however,
cannot be readily compared with thermodynamic activities
of melt components.

The reversibility of a pyrex membrane to sodium ions

in sodium chloride-zinc chloride melts was demonstrated
by Bartlett and Crowther (63) in the cell:
Na/pyrex glass/ZnCls+NaCl/Zn. At low sodium chloride
concentrations (<0.1 mole kg) (where the solute
presumably obeys Henry's law) a linear dependence of the
rotential on sodium chloride concentration was found, with
the slope as predicted by the Nerns+t equation.
Micropolarisation tests confirmed the reversibility of the
electrode.

Finally, the results of Dudley and Inman (64) for the
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cell W,Na(l) /beta alumina/ZnCla-NaCl/Zn(1) ,W may be
considered. The emf for +this c¢ell should conform <to:
E=E°~ (RT/2F)1n{(NaCl)*/(2ZnCl.) } (2.2)

This potential corresponds +to the difference of +two
formation cells involving the production of sodium
chloride and 2zinc chloride respectively. Thus from their
results for +the sodium chloride formation cell (60) <the
authors could predict the emf of the above cell. However,
stable emfs were not achieved with this cell. This was
attibuted to the slow formation of a layer on the
zinc electrode, due to residual moisture, and causing a
drift of emf with +time; a 1large emf drop (50mv) was
observed on forming a fresh liquid zinc surface. Thus the
melt purity may affect +the reversibility of the =zinc
electrode.
2.5.2 Yoltammetric studies

A number of reports deal with the voltammetric
behaviour of solutes in zinc chloride melts, and also with
the ele¢trochemical reactions of electrode materials. For
example, Susic and Mentus (65) reported that a platinum
electrode in molten zinc chloride formed a passive layer
of PtCla at anodic potentials. At cathodic potentials,
deposited =zinc appeared to alloy with the platinum.
Similar results were obtained in ZnCla.—-NaCl and
LiCl1l-KC1l-ZnCl. melts. A glassy carbon electrode however
showed only reactions due to the decomposition of the melt
(zinc deposition and chlorine evolution).

Minh and Welch (83) studied the reduction of hydrogen

chloride dissolved in LiCl-KCl-ZnCl., while Perry and
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McDonald (37) investigated +the behaviour of hydrogen
chloride in KC1-ZnCl.. Large discrepancies were apparent
between the calculated diffusion coefficients of hydrogen
chloride betwen +this study and that of Minh and Welch,
probably due to uncertainty in the solubility of HC1l in
these melts, rather than differences in melt composition.

Rubel and Gross (66) compared +the electrochemical
oxidation of Pt, Ni, Mo and W electrodes in AgCl-KC1l and
ZnClz~KCl1 (49-51 moleZ) melts. The results for platinum
agree with those of Susic and Mentus (65) above, i.e. in
both melts the metal could be oxidised to a passivating
layer of the chloride, and a =zinc alloy was formed at
relatively cathodic potentials in the latter melt. Nickel
could be anodically dissolved as Ni(II), and deposited
from the solutions. Molybdenum formed soluble Mo(III) in
both melts, and could also be deposited. Tungsten also
formed the +3 state in AgCl-KCl, but in the zinc chloride
melt, soluble W(VI) was produced, possibly as an
oxychloro- complex, as a soluble oxide layer was
postulated to form initially on the electrode, presumably
due to oxygen contamination of the latter melt. Tungsten
metal could apparently be electro-deposited from this
solution. Tungsten metal has however frequently been used
as an "inert" electrode in chloride melts (67).

Topol et al (68) performed cyclic voltammetric studies
on a number of solute species 1in a ZnCl.-NaCl-KCl melt
(60-20-20 mole%). The following oxidation states were
accessible within the electrochemical window of the melt:

Ag(0), Ag(I), Cu(0o), Cu(I), Cu(Irr), Ni(o), Ni(II), B1(0),
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Bi(III), S®b(0), SbL(III), Cr(0), Cr(II), Cr(III), Fe(II)
and Fe(III). Additionally metallic Cu, Al, Be, and Mg were
capable of displacing zinc from the melt and were oxidised
to the respective chloride solutions. The solubilities of
NiC1l., CrcCl,, CuCl., and FeCl, were less than
15wtZ at 320°C.

In comparison other workers (62) also found reversible
one-electron reductions for CrCl; and FeCl; dissolved
in ZnCls—-NaCl (53-47 mole¥%) at 300°C; however
chromium(II) could not be reduced to metal before =zinc
deposition, though metallic iron could be deposited from
the iron(III) solution.

Electrochemical reactions have also been reported for
germanium and indium (69), and chromate(VI), cadmium and
mercury (70) 1in relatively basic alkali chloride-zinc
chloride melts. The mercury(I) state was not stable in the
equimolar NaCl-ZnCla melts, but the Cd*. ion
appeared to have a transient existence before
disproportionating to metal and Cd*.

The lower oxidation states of bismuth can be stabilised
in chlorozincate melts, as in chloroaluminates (14) (see
chapter 1).

2.5.3 Chronopotentiometric studies

Two such studies have indicated the existance of the
Zn*: lon 1in solutions of metallic zinc 1in pure =zinc
chloride. The so0lubility as determined by Vetyukov and
Francis (71) was 1low, ©0.187 moleZ at 525°, and 0,326
moleZ at 600°C. A two electron +transfer reaction was

found, consistant with the presence of the subvalent ion.
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Van Norman et al (72) reported similar results, but gave a
considerably lower solubility, 0.019 moleZ at 500°C.
2.6 Scolute behaviour

There is 1little to be found concerning the change of
solute behaviour with melt composition in = zinc
chloride-based melts. However Smith et al (73).. have
studied the rather complex changes 1in d-d absorption
spectra of nickel(II) in the CsCl-ZnCl. system. In pure
zinc chloride, some nickel ions were suggested to replace
zinc in the network structure and were thus
four-coordinate; however an octahedral species was also
present, favoured by increasing temperature. Addition of
small amounts of CsCl resulted in a complex
tetrahedral-octahedral equilibria: but, at the 50:50 moleZ%
composition, a single entity was present, with distorted
tetrahedral coordination of nickel by a mixture of C1-
and ZnCl4:- ions. In CsCl-=rich melts, the NiCl.*
ion was formed.

In comparison, analogous coordination equilibria of
nickel(Il) were found by Angell and Gruen (74) in
KC1l-ZnCl. melts. In this melt, a shift towards
octahedral coordination occurs in the presence of the more
acidic potassium cation. In contrast to nickel, cobalt(II)
had only tetrahedral coordination in this melt.

2.7 Qverall summary

This surve& reveals that knowledge of zinc
chloride-based melts 1is fragmentary, and in some cases,
inconsistant. This may be Dperhaps due to experimental

difficulties associated with +the hygroscopic nature of
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pure zinc chloride and the high vapour pressure. Though
the structure of the melts has been comparatively
well-studied, controversy still exists over the degree of
covalency exhibited by the systems.

From the point of view of this thesis, i1t was evident
that a confirmatory check of the component activities in
the NaCl and KCl-based melts was desirable. It 1is also
apparent that though a number of solute species have been
studied at one particular composition in a particular
melt, the effect of variation in composition, on., +to
take one example, the disproportionation of cadmium(I)

(70), is unknown.
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3.1 Melt preparation
3.1.1 Zinc chloride

A 500g batch of purified zinc chloride was manufactured
using recommended +techniques (36). (Apparatus shown 1in
figure 3.1). Analar grade "anhydrous" ZnCl. was
vacuum-treated at room temperature for about five days,
until a pressure of about 15 microns was obtained. The
temperature was then gradually raised +to 200°C over
several days until the original pressure was regained. HC1l
(dried over a molecular sieve) was then passed over the
solid salt and the temperature raised until <the ZnCl.
melted, at which point HCl1l was bubbled through the melt
for two hours using a porous frit. Pure argon was then
substituted for the HCl, and the melt purged. The melt was
then filtered through a porous frit. This was achieved by
breaking a thin glass bubble at the bottom of the melt
container with a glass rod, and allowing the melt to flow
into an outer container and through the frit, where the
melt was collected in a Pyrex Tbeaker and quickly
solidified. The solid was then transferred to a drybox,
the latter with a water content < 40ppm, broken into
coarse lumps and stored.

Pre-electrolysis to remove electroactive impurities
(e.g. heavy metals) appeared to be unnecessary, no waves
due to such impurities ©being detectable by <cyclic

voltammetry.
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3.1.2 Seodium chloride and potassium chloride

These galts were dried by simple vacuum melting and
cooling wunder dried argon of +the respective Analar
compounds. The purified salts were then stored in the
drybox.

3.1.3 Lithium chloride-potassium chloride eutectic

After mixing the salts in the desired proportions (49
mole? LiCl) the purification process was analogous to that
used for zinc chloride.

3.2 Yacuum and gas supply system

The vacuum system was evacuated by means of an Edwards
oil diffusion pump backed by an Edwards 2SC 20A rotary
pump. Pressures inside the system were monitored by means
of a mercury manometer and an Edwards GS B2 Pirani gauge,
and it was possible to achieve pressures of less than 10
microns with this arrangement.

High purity argon could be admitted into the system,
the flow being controlled by a needle valve, and was dried
by a molecular sieve and deoxygenated by passing over
heated copper wool at 400°C before entering the
electrochemical cell.

3.3 Furnace and temperature control

A vertical furnace was used, consisting of an alumina
tube wound with 18 swg Kanthal wire and capable of
operating up to temperatures up to 800°C. To allow use
of the small electrochemical cell, a cylindrical aluminium
container was constructed to fit snugly into the alumina
tube, into which the cell fitted with a clearance of about

one mm. This ensured that the cell wa.s adequately
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insulated against temperature variations.

Temperature control was with a PID 15 Eurotherm
controller which monitored a Pt/Pt-13%ZRh thermocouple
pPlaced within the furnace +tube, and regulating the
temperature to plus or minus 1°C.

3.4 Electrochemical cell

The cell consisted of a flat-bottomed Pyrex tube, 20 cm
long and 5.4 cm diameter. At the top of the tube was an
8.5 cm o.d. glass flange. The cell head was made of Pyrex
with a corresponding flange. Incorporated in the cell head
were three SQ13 Jjoints and one "Sovril 15" screw-thread
Joint through which electrodes, etc. could be
incorporated. Two ball-joints on elither side of the cell
acted as gas 1inlet and outlet.

Vacuum-tight seals were obtained by means of screw-caps
which compressed a PTFE washer, backed by a silicone
rubber sleeve,on to the screw-thread Jjoints. Finally a
PTFE annulus provided a seal between the glass flanges. A
diagram is shown in figure 3.2.

Before wuse, +the c¢ell and all glass components in
contact with the melt were soaked in a 1:1 mixture of
nitric and sulphuric acids for at least 24 hours. After
rinsing with distilled water +the components were dried
overnight at 150°C. The cell was +then assembled and
evacuated overnight at 400°C in the furnace Dbefore
£illing with dry argon, cooling, and transferring to the
drybox where the solid melt components were weighed into
the inner container (a Pyrex Beaker). After reassembling

the cell it was transferred to the pre-heated furnace and
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connected to the argon/vacuum 1line. Residual argon was
removed by evacuation and a fresh argon flow initiated
through the cell before proceeding with the desired
experiment.

The melt temperature was measured via a chromel-alumel
thermocouple contained in a glass sheath and dipping into
the liquid.

3.5 Electrodes

The following electrodes were employed for cyclic
voltammetry, A.C. impedance measurements, and for cell emf
measurements.

(1) vVitreous carbon microelectrode (fig. 3.3a)

A length of vitreous carbon rod (3mm dia.) was
vacuum-sealed into a 6mm o.d. Pyrex tube and the working
surface polished with emery paper and then on diamond
rolishing wheels of 5 micron, 3 micron, and finally 1
micron. Electrical contact was via a stiff copper wire
pressed against the rod and immersed in a 1layer of
graphite powder. The electrode construction was completed
by filling the Pyrex tube with argon to prevent corrosion
of the copper wire, and sealing with epoxy resin. A
similar electrode with a 1.5mm diameter conical
indentation was also prepared.

(11) Tungsten microelectrode (fig. 3.3b)

A 2cm length of 1.5mm diameter <tungsten wire was
spot-welded to a length of copper wire and the tungsten
sealed into a 6mm o.d. Pyrex tube. This was achieved by
first sealing the tungsten into a section of 3mm o.d.

tubing, and melting the larger diameter +tubing around the
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smaller bore tube. The tungsten surface was then polished
down to 1 micron and the electrode filled with argon and
sealed with epoxy resin.

(1iii) Platinum wire (fig. 3.3¢)

The detaills for the construction are analogous to those
described for the tungsten electrode, except that a 2cm
length of 1mm diameter platinum wire was sealed directly
into a 6mm o.d. Pyrex tube and a 1cm length of this wire
was left exposed Dbelow the seal. The platinum was
flame-polished before use.

(iv) Gold sphere (fig. 3.4a)

This consisted simply of a length of gold wire with a
small sphere at one end, the other being welded to a length
of copper wire which was sheathed in a Pyrex tube.

(v) Graphite rod (fig. 3.4b)

A length of 1.5mm diameter graphite rod was 1inserted
into a 6mm o.d. Pyrex tube with a fritted compartment at
one end. At the opposite end of the +tube the graphite
passed through an SQ13 Joint fitted with a screw cap and
silicone rubber sleeve, which compressed a silicone rubber
washer on to the Joint providing an air-tight seal.
Electrical contact was made directly to the graphite rod.

Before use, the rod was boililed in concentrated HCl and
then distilled water, heated for several days at 150°C,
and finally at 200@ under vacuum overnight.

(vi) Silver/silver chloride reference (fig. 3.4c)

Essentially this was a 6mm o.d. Pyrex tube with a thin
bulb blown at one end which contained the silver chloride

solution (0.1m AgCl in LiCl1l-KCl eutectic). Into this
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solution a silver wire was dipped, to which electrical
contact was made. Finally the electrode was sealed with
argon and sealed with epoxy resin.

(vii) Zinc rod

This was simply a length of 7Tmm zinc rod, suspended by
a length of platinum wire, which provided electrical
contact with the rod. Before use the zinc was briefly
dipped into concentrated HC1l to remove any oxide, rinsed
and dried under vacuun.

(viii) Zinc microelectrode (fig. 3.5a)

This electrode (used in the formation and concentration
cells) consisted of a vitreous carbon microelectrode (see
above) with a B10/19 Jjoint incorporated. This enabled the
electrode to be inserted into a fritted compartment which
effectively isolated it from the bulk electrolyte and cell
atmosphere. 2Zinc was deposited on +the vitreous carbon
surface by a short constant potential electrolysis (see
chapter 5).

(ix) Chlorine electrode (fig. 3.5b)

For this electrode, an ©8mm Pyrex tube with a
cylindrical section of porous graphite sealed into one end
was prepared; this end was then ground down to expose the
graphite surface. At the opposite end, a side arm with a
"Rotaflo" tap was provided to act as the chlorine inlet.
Electrical contact +to +the porous graphite was via a
graphite rod which was fixed with epoxy resin into the
latter end. Graphite powder was also present to ensure

electrical contact.
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3.6 Pulse generatine equipment

The following set-up was employed where it was
necessary to provide a constant current pulse for a
specified time, and to measure the potential between two
electrodes as a function of time.

The apparatus 1is shown as a block diagram in figure
3.6. A PARC model 175 sweep generator in conjunction with
a. Wenking model PCA 72L potentiostat was used to generate
a constant potential (range plus or minus 10.99 V) across
a resistor connected between the reference and working
electrodes outputs of +the sweep generator. A constant
current (to within 0.01 ma) was then obtained between the
working and counter electrode outputs, which were
connected across the cell with resistor in series. A 180
ohm resistor was conveniently employed in the present
work. The applied current was measured by a Weston 6400
DVM, to within 0.01 ma.

To generate a pulse, a timing circuit with a relay was
used to connect the cell to, and isolate 1t from, The
current generating system after the requisite time
interval. The emf was then recorded on a Bryans 26000 A3
X~Y recorder as a function of +time, the recorder being
calibrated by a Fluke 8860A DVM (input impedance 10 M ohm)
which simultaneously measured +the cell emf. The timer
could also be used to activate the trigger of a Datalab DL
905 transient recorder and thus obtain a digital record of
the voltage/time transient.

This set-up enabled the potential/time decay curve to

be recorded with an accuracy of up to 1 mV/cm and 0.1 sec.
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/cm on the X-Y recorder, but greater sensitivity was
obtained with the transient recorder, which was capable of
measuring the potential/time curve over a 1 ms interval
after a pre-set delay, with 10-bit resolution.

3.7 Cyclic voltammetry

A PARC model 175 sweep generator with a range of sweep
rates from 1 mVs™ to 1000 Vs, in steps of 1
mVs™, was employed, coupled with a Wenking model PCA
72L potentiostat (range = 10.99 V).

A three electrode system was used, with a
microelectrode (vitreous carbon, tungsten, platinum or
gold) as the working electrode. The counter electrode was
generally a graphite rod, enclosed in a fritted
compartment to prevent mixing of reaction products with
the bulk melt. For reference, a zinc electrode was used
(either bulk zinc or electrodeposited in situ on vitreous
carbon) or a platinum wire quasi-reference electrode.

The current-potential curves (voltammograms) were
recorded with a Bryans A3 X-Y recorder.

3.8 A.C., imvedance

The A.C. s8signal was provided by a Solartron 1170
Frequency Response Analyser, capable of prroducing
frequencies from 13 M Hz to 5 Hz, with a maximum amplitude
of £ 1.5 V. The values of complex and real impedance for a
given frequency were read directly from a digital display.

A large area counter electrode was employed, to avoid
complications introduced by electrode processes occurring

at this electrode.
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3.9 X-ray diffraction

X-ray powder diffraction was carried out on a Phillips
chart-recording diffractometer using nickel-filtered Cu KX
radiation, the finely-powdered samples being mounted on
thin glass slides. The diffraction angles (values of 2 6)
were converted into "d"-gpacings via Bragg's law,
nx = 2dsin®. The resulting "d"-spacings (in Angstrom
units) were matched with listed compounds 1in +the JCPDS
index (75).
3.10 Optical microscopy

Optical micrographs were obtained using a Reichert
polarising microscope 1n conjunction with a Reichert
camera attachment. Standard Polaroid fast black and white
film was employed.
3.11 Electron microscopy

This was carried out on a JEOL JSM 35 instrument. The
sample was carbon-coated by vacuum sputtering to prevent
charging under the electron beam. The major elements were
analysed quantitatively using energy dispersive analysis
of the emitted X-rays (EDAX). A data-analysing package
compared the X-ray intensities and energies with those of
a. standard. Corrections were automatically applied for
atomic weight, absorbtion, and fluorescence (so-called ZAF
corrections).
3.12 Electron spectroscopy for chemical analyvsis

| THis technique (ESCA) was performed on an "“Escalab II"

spectrometer. X-ray photoelectron spectra were recorded
using both Al KX and Mg KX exciting radiation, the peaks

corresponding to electron binding energies being
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normalised with respect to a peak due to the carbon 1s
orbital at 285eV (the carbon 1s normally present as a
minor contaminant from, e.g. adsorbed organic material,
and is used as a calibrant). The binding energy peaks and
peaks due to Auger transitions were assigned +to an
electron sub-shell of a particular element using standard
tables (76). A data analysis package was used to expand
and deconvolute peaks, etc.

Sample preparation consisted simply of mounting the
substance on a metal stud, in the drybox if necessary.
3.13 Atomic absorption

This technique was carried out with a Perkin-Elmer 2380
double-beam instrument. Samples were Prepared by
dissolution in the appropriate acid (usually HCl) and the
absorption intensities for a particular element compared
with those of a series of standard solutions, containing
the same concentrations of major matrix constituents.

3.14 Materials

Listed below are the grades and manufacturers stated
purity or impurity content of +the solid reagents and
electrode materials employed in this study. The reagents
obtained from Johnson Matthey additionally were supplied
with certified analyses.

Also reported below are +the purification methods

applied to the gases used in this study.
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Iable 3.1-Reagents and FElectrode materials

Reagent

Vitreous

Carbon

Graphite

Graphite

Chromium

metal

Chromium(II)

chloride

Chromium(III)

chloride

Gallium

metal

Gallium(III)

chloride

Gold

Lithium

chloride

Platinum

Potassium

chloride

Silver

Silver

Sodium

chloride

Manufacturer

Sigri Elektro-
Graphit, GMBH

W. Germany

Johnson Matthey

Union Carbide

Johnson Matthey

Cerac Inc.
Milwaukee, U.S.A
Aldritch Chemical
Co.

Johnson Matthey

Johnson Matthey

Johnson Matthey

BDH

BDH

BDH

Johnson Matthey
BDH

BDH

Grade/Form
3mm rod

Sigradur-G

Spectrotech

3mm rod

Porous block

Grade 60

325 mesh powder

80 mesh powder

Sublimed flakes

Specpure ingot

Specpure crystals

Specpure wire

Analar

Wire

Analar

Puratronic wire

Analar

>99.0%

>99.9%

>99.0%

<1 ppm

<10ppm

<15ppPm

>99.0%

>99.97%

>99.5%

<1 Oppm
>99.0%

>99.97%
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Table 3.1 continued
Reagent = Manufacturer = Grade/Form = Purity
Titanium Johnson Matthey Specpure <1000
metal powder pPPm

Titanium(III) Aldritch Chemical Flakes -

chloride Co.

Tungsten Johnson Matthey Reagent grade >99.9%
1.5mm wire

Zinc metal Johnson Matthey Specpure rod >99.0%

Zinc chloride BDH Analar >98.0%

Gases were purified in the following ways:
i) Arsgon

BOC high-purity argon (>99.997Z) was passed through a
column filled with BDH type 3A molecular sieve
(periodically regenerated by heating at 300°C under
vacuum) to remove water, and then through heated copper
wool (BDH) at 450°C to remove oxygen.
ii) Hydrogen chloride and chlorine

These gases were passed through activated charcoal
(BDH) to remove organic matter and then dried by passing
through a special acidic molecular sieve (Union Carbide
AW300). All glass Joints 1in contact with the gases were
lubricated with "Voltalef 90" halogen-resistant grease
(BDH). The HCl used was technical grade (>99.6%) and the

chlorine of purity >99.5%, both from BOC Special Gases.
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method

The simple 1dea behind this approach was that a
formation cell could be generated by electrolysis between
two inert electrodes (e.g. vitreous carbon) bdy a current
pulse, thus depositing zinc on one electrode, and evolving
chlorine at the other, and setting up the formation cell:

C,Zn/ZnCla.(+ alkali chloride)/Cl.,C
The cell enf, varying as a function of +time as +the
electrolysis products dispersed, would be extrapolated
back to the moment of cessation of electrolysis, and this
emf would (for pure zinc chloride) be the standard emf
(E°) of the formation cell, i.e. with unit chlorine and
zinc activities.

This approach was adopted for two main reasons:

i) The electrode system would be easy to assemble.
ii) The procedure would be simple and quick to obtain
results.

Thus this 1idea was explored by generating formation
cells in pure zinc chloride by constant current pulses
between a vitreous carbon anode and a zinc cathode, or
between +two vitreous carbon electrodes. Thé potential
difference was measured between the vitreous carbon anode
and either the vitreous carbon or zinc after polarisation,
or an unpolarised zinc reference electrode, similar

results being obtained in all cases.
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4.2 Generation of formation cells-Results and Discussion
4.2.1 Stability of zinc electrode

The stablility of the zinc electrode was examined by
measuring the potential difference between the electrode
and the Ag/AgCl+LiCl+KCl/Pyrex reference electrode in pure
zinc chloride melt under argon at 400°C. A constant
protential of (8340.5) mV was obtained, stable for at least
15 minutes. The same potential difference was consistantly
obtained after polarising the 2zinc electrode anodically
and cathodically, the potential returning virtually
instantaneously to the unpolarised value. These
experiments indicated that the zinc electrode was
electrochemically reversible and stable in the short termn.
Passivation by oxidic impurities in the melt which might
have occurred in the long term (see 2.5.1 in chgpter two)
was avoided by the approach described below.

Thus, stable zinc electrodes could also be generated by
cathodically polarising vitreous carbon microelectrodes,
e.g. with 20 mA for 20 seconds, thus depositing about 0.1
mg of zinc. The potential difference between the vitreous
carbon and a pure 2zinc reference electrode was then
typically from 0-1 mV, demonstrating that the surface zinc
activity on the vitreous carbon was essentially one.

This experiment demonstrated incidentally that the
thermal emfs arising from contact between the connecting
wires were never greater than one mV.

4.2.2 Behaviour of planar vitreous carbon elecirode

Experiments were performed with +this microelectrode,

enclosed in a fritted compartment to minimise convection
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effects. The effects of current density and pulse +time
upon the applied potential, and potential-time decay
curves after terminating the current pulse, were examined.
i) Varijiation of avpplied votential with current density

It was observed that large perturbations in the applied
protential occurred at higher current densities. These
perturbations could take the form of quite
regularly-spaced oscillations, as shown in figure 4.1. The
exact form and amplitude of the oscillations were not
reproducible 1in different experiments. The effect was
attributed to the formation and loss of chlorine bubbles
from the electrode (which could be visually observed),
causing a respective increase and fall in the electrode
resistance.
1i) Effect of pulse +time and current density wupon

Yarrest potential'

After the termination of +the c¢urrent ©pulse, an
instantaneous voltage drop was observed (due to the Ohmic
melt resistance), to a potential where a finite rate of
potential decrease was found. This latter potential was
termed the '"arrest potential". At moderately low current
densities (0.05-0.35 Acm™®) or if well-defined potential
perturbations (amplitude > 0.5V) were not obtained, then a
fairly constant "arrest potential" (x5 mV) was obtained at
a constant temperature. Additionally if the pulse ended at
the "trough" or minimum of an applied potential variation,
then similar values of "arrest potential" were obtained.
In contrast, if the pulse ended at the "peak" or maximum,

then a lower (and less reproducible) value of '"arrest
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rotential" was obtained, presumably due to low chlorine

activities at the anode.

iii1) Effect of current density and wpulse time wupon
enf decay curves

Two distinct types of emf/time decay curve were
observed. At low current densities, or if the pulse ended
at an applied potential maximum, a simple decay curve with
a continuously decreasing gradient was found (fig.4.2).
Alternatively, if the pulse ended at an applied potential
minimum, or if no pronounced potential perturbations were
occurring, then an '"S"-shaped curve could be obtained
(£fig. 4.2). The effect of increasing temperature was to
increase the gradient of both types of curve.

It was apparent from these curves that chlorine gas was
rapidly lost from the electrode, and for this reason the
effect of trapping chlorine gas bubbles by means of an
indented electrode was examined.

4.2.3 Behaviour of indented vitreous carbon electrode

The electrode was orientated vertically, and was
lowered into the melt initially wunder vacuum so <that
liquid filled the indentation. Termination of the current
pulse at the potential maximum produced an emf decay curve
which decreased relatively rapidly in the first 30
seconds, but then stabilised, values between 1.57 and
1.59V being found for different attempts, +these values
being maintained for over a minute. In contrast,
termination of the pulse at a potential minimum produced a
curve which showed a more rapid rate of decay, though the

"arregt potential" was higher. The decay rates on planar
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electrodes, 1in comparison, were much greater (fig. 4.3).
Hence a significant stabilisation of the chlorine activity
near the electrode surface appeared to result from the use
of the indented electrode.

The "arrest potentials" obtained at applied potential
minima with the indented electrodes were similar to those
obtained with planar electrodes, i.e. about 1.72V. This
figure is considerably above +the reported E° values for
zinc chloride at 400°C, which are all below 1.66V (5,
54-57). The most likely explanation of this phenomenon
arises from the mechanism of electrolytic chloride
oxidation (and chlorine reduction), which has Dbeen

reported as occurring +thus in various molten chloride

gsolvents:
Cl- = Cl-(adsorbed) + e- (4.1)
Cl- + Cl-(adsorbed) = Cl. + e- 4.2)

Equation 4.2 1s rate-determining (85-88). Hence the
potential of the "chlorine" electrode at the " "minima
arrest potential'" may be determined by the relatively high
free energy of combining chlorine radicals (formed in the
electrolysis) and is therefore not an equilibrium
potential. After a time, as the chlorine atoms combined,
equilibrium would be reached between chlorine atoms and
molecules, but gaseous chlorine would disperse from the
electrode, so that the overall chlorine activity would be
less than one, and thus E<KE°.

This hypothesis explains the variation d1in "arrest
potential" with applied potential. If the current pulse

terminates at a maximum in applied potential, i.e. with
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chlorine bubbles covering and partly 1insulating the
surface, then a relatively small proportion of the surface
is involved in the reaction to form chlorine atoms: thus
the relatively low "“arrest potential" is determined by the
presence of molecular chlorine. If the chlorine bubbles
are trapped near the surface, as with the indented
electrode, then the potential can stabilise at a value
less than, or equal to, E° (fig. 4.3), until the bubbles
disperse, e.g. by dissolution.

On the other hand, if the current pulse 1is cut off at a
potential minimum, with presumably a layer of adsorbed
chlorine atoms covering the electrode surface and
relatively few chlorine molecules, then the relatively
high '"'arrest potential" is determined by the reaction of
chlorine radicals; however the potential decays relatively
rapidly as few chlorine molecules are formed to buffer the
chlorine activity.

The experiments of Murgelescu et al (89) who obtained
analogous " arrest potentials" on graphite, corresponding
to the E° value (£3mV) 1in fused silver halides, were
conducted at 500°C, and certainly the higher temperature
would increase the rate of the chlorine radical
combination, thus reducing the effect of the latter
reaction in producing anomalously high "arrest
potentials".

4.2.4 Generation of formation cells-Conclusions

It was thus concluded that the "“pulse method" was not a

viable method of determining equilibrium cell emf's, at

least at relatively low temperatures, and that some form
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of "conventional' formation cell would be necessary. It
wag also later demonstrated i1in these formation cell
experiments that, particularly for pure 2ZnCl., prolonged
contact of the melt with chlorine gas (many hours) was
necessary to obtain a stable chlorine electrode potential.
It is therefore doubtful whether local chlorine saturation
could be achieved by short time-scale electrolysis.

However the pulse experiments showed the feasibility of
generating reversible zinc microelectrodes in situ by
deposition onto vitreous carbon; this idea was employed
with the ‘'“conventional" formation cells (below) to
continually provide a fresh =zinc surface and avoid
possible passivation problems.
4.3 Conventional formation cells-General

The thermodynamics of pure zinc chloride, and mixtures
with NaCl and KCl were investigated using formation cells
which coupled a chlorine electrode with a zinc electrode
(isolated in a fritted compartment), e.g.

C,Zn/KC1+ZnCl./Cl.,C

The =zinc electrode was formed in situ by electrolysis,
using the porous graphite counter as counter (anode). A
series of 1low current density pulses (10-20 mAcm™) were
employed, thus depositing about 0.05 mg for each pulse.
The quantity of zinc ultimately deposited was neglig}ble
in comparison to the quantity of melt 1in +the electrode
compartment, usually at least 5g. After each pulse, the
potential of the cell was measured as a function of time
on the X-Y recorder, and the process repeated until

successive pulses gave a constant emf, stable for at
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least 10 minutes. It was hoped that this procedure would
also aid in saturating the chlorine electrode.

The 1initial solutions were prepared by melting the
welghed components together under argon' and quickly
cooling. The solidified melt was then transferred to the
dry box and ground in a mortar to ensure even mixing. The
rowdered mixture was then placed in the inner container of
the electrochemical cell and in the fritted compartment of
the =zinc electrode, the cell +then being assembled and
transferred +to the furnace. After each experiment the
chlorine saturated melt was cooled and removed to +the
drybox, where a weighed amount of alkall chloride was
added and the above procedure repeated. The concentrations
of alkali chloride and zinc chloride were checked by A.A.
analysis of small (0.1g) samples.

For each concentration of alkali chloride the cell was
subjected to a heating and cooling cycle to ensure that
the cell potentials could be reproduced. The potential was
very sensitive to temperature changes, but under
conditions of thermal equilibrium could be stable to
0.2 mV.

However, before attempting to measure a "true" cell
enf, it was necessary to pass chlorine (flow rate
30 cm®min.™") through the melt via the chlorine
electrode for an extended period in order to obtain a
constant emf, particularly with melts rich 1in =zinc
chloride (also noted by Robertson and Kucharski (54)). For
the pure zinc chloride, over 24 hours of chlorine bubbling

(at 400°C) was necessary before +the slow rise in enf
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flattened out to a constant value. This relatively 1long
period 1is evidently necessary +to saturate the melts so
that the chlorine activity in solution is unity, essential
for the interpretation of the formation cell emf. the
results in the present work are therefore derived from the
maximum obtainable emfs.

Interestingly, the colour of +the chlorine-saturated
melts changed from pale yellowish-green for pure zinc
chloride (easily decolourised by bubbling argon) to- a
deeper golden-yellow with 1increasing alkali chloride
content, and finally to reddish-yellow for alkali chloride
mole fraction = 0.6 (not readily decolourised by bubbling
argon). These results probably reflect a change from
dissolved molecular chlorine to +the relatively stable
trichloride ion, e.g.

Cl: + C1° = Cly (4.3

This latter species has been reported in basic
room-temperature chloroaluminates (90), but in acidic
melts, molecular Cl: was postulated. In NaCl-AlCl, and
CsCl-Al1Cly; melts, however, the solubility of chlorine
surprisingly did not vary significantly with acidity in
the 0.5:0.5 mole fraction region, suggesting that egn. 4.3
did not govern the solubility (91) . In KCl-PbCl.
melts, the predicted change from physical +to chemical
solubility (ean. 4.3) was found with increasing alkali
chloride content (92).

In the present work, an attempt +to characterise the
chlorine speciles in +the more basic melts by cyclic

voltammetry did not reveal any well-defined waves within
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the available potential range.
4.4 Conventional formation cells-Results and Discussion
4.4.1 Pure zinc chloride

The temperature dependance of the cell emf with pure
liquid zinc chloride 1is shown in figure 4.4. and compared
with some more recent thermochemical and formation cell
determinations by other workers (5,54-57). The values
obtained in the present work are in good agreement with
the thermochemical estimates (55-57), at least in the
390-490°C range. However, some variation exists 1n E°
values determined by various workers, possibly a result of
inadequate saturation of the melts with chlorine in
some formation cell estimates, as discussed above. The
extent of this variation is shown in table 4.1, where for
comparison a temperature of 450°C has been chosen to
minimise the extrapolation range when this procedure was
necessary. The 11 values vary over 36 mV, with an average
E* of 1.606V, which coincides with the value obtained in
the present work. This variation can significantly
influence the calculation of activities in +the alkali
halide mixtures, from:

RT1N 3sino oniorsaa = —2F (E-E®) (4.4)
where E is the emf of the cell containing alkali chloride.
For example, a 9 mV variation 1in E° can reduce the
calculated activity by a factor of 0.75. In the present
work, the experimentally determined activities will be
used, as these are closer to the most recent
thermochemical values.

The formation cell emfs in the present work were fitted
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Iable 4.1, E° values for pure zinc chloride at 450°C

E°/V

1.606
1.627
1.593
1.607
1.607
1.599
1.598
1.599
1.629
1.608

1.596

Comments Reference
Formation cell (extrapolation)* This work
Formation cell 93

" (1)

(1] (1)

" "

" "

“ "
Formation cell (extrapolation)* 54
Thermochemical 5

" 57

" 55,56

¥ Values obtained by linear

variation with temperature.

extrapolation of

enf
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by a least squares analysis to the equation:
E°(V) = 2.0112-5.599x10™* T (K) (4.5)
(range 604-698K)
The standard deviation was 1.4 mV. This result may be used
to calculate standard thermodynamic quantities in the

given temperature range, thus:

AG® = -388.1 + 0.1081 T(K) (kJmole™) (4.6)
AH° = -388.1 (kJmole™) (4.7)
AS° = -108.1 (IJmole'K™) (4.8)

4.4.2 Sodium chloride-zinc chloride

The Nernst plots for +this system are shown in figure
4.5; generally good straight lines were obtained, though
for compositions close to pure zinc chloride only a few mV
separated the Nernst plots. Consequently the derived
activities for these compositions (mole fraction =zinc
chloride above 0.88) are somewhat less certain than for
other compositions. In tables 4.2 and 4.3 the intercepts
and gradients for a range of zinc chloride mole fractions
obtained from least squares fits are given, together with
various thermodynamic quantities derived from the plots.
Thus the activities and partial molar free energies,
entropies, enthalpies, and excess properties were
calculated via the standard equations given in section 1.2
of the first chapter.

To obtain the activity of sodium chloride, the
Gibbs-Duhem integration was employed. In terms of activity

coefficients, this becomes:
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1.00
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2.049
2.068

2.055

alkali

100

analyses

Gradient x 10*

-5.599
-6.839
-7.037
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Table 4.3. Selected thermodynamic functions of zinc

chloride 1n =zinc chloride-alkali chloride melts at 400°C

Free energy and enthalpy units: kJ/mole; entropy, J/mole/K

(x=mole fraction zinc chloride, a=activity zinc chloride)

X a Ne3 oH IS AGE AS®
0.93 0.96 -0.2 -16.4 -24 +0.2 -25
0.88 0.88 -0.7 -19.6 -28 +0.0 -29
0.72 0.75 -1.6 -17.1 -23 +2.5 -26
0.65 0.65 -2.4 -12.2 -14 +0.0 -18
0.56 0.53 =3.6 -19.7 -24 +3.1 -29
0.48 0.11 -12.6 -29.4 -25 -8.5 +18
0.40 0.06 -15.9 -17.3 -2 -10.8 -10
0.33 0.03 -20.7 -43.4 -34 -14.5 -43

0.95 0.90 -0.6 -0.7 -10 -0.3 -10
0.87 0.80 -1.2 -6.6 -8 -0.4 -10
0.80 0.65 -2.4 -9.8 -11 -1.2 -13
0.75 0.58 -3.0 -13.1 -15 -1.4 -17
0.67 0.48 -4.2 -6.9 -4 -1.9 -7
0.60 0.32 -6.4 -6.4 0 -3.5 -4
0.55 0.19 -9.2 -7.2 +3 -5.8 -2
0.50 0.11 -12.5 -11.2 +2 -8.6 -3

0.43 0.03 -19.7 -8.3 +17 -15.0 +10
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Figure 4.5, The variation of emf with +temperature for
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X maca X' 'maca
[(InY¥mecs] = —j Xm;z/quxdln\‘m1, (4.9)

X 'maca X ‘maca

Here X' naca corresponds to a chosen standard state.
For example, at 400°C, the 1liquidus 1in NaCl/ZnCl.
corresponds to the composition Xmm= 0.62 (43). At +this
point, Bmaca= 1, and thus ¥mcr= 1.61. Substituting
this value into eqn. 4.9, the following is obtained:

X' 'maca

In(Y''maca/1. 61)= "j szl/Xdeln\‘m;z(4- .10)
X'macr=0.62

Thus Y''ss«a can be obtained from +the area under a
plot of Kzncy / Xmaca versus in ¥zncay s between the
limits defined by Xwa= 0.62 and X''wa.

To compare activities of zinc chloride or alkali
chloride derived by other workers with the present data at
one selected temperature (in this case, 400°C), "b"
values were calculated for each given composition, from
the expressions (6):

RT 10¥ze, = 2b X%/ (1+Xzcs) (4.11)

RT 1n¥sea = 4b X?mc,/ (1+Xzmer,)*® (4.12)
Here "b" 41is a parameter which represents the change in
free energy caused by interaction of ions in the melt, as
derived assuming the '"regular mixing" model (chapter one).
It 1is assumed +that the "“b"-values are independent of
temperature for a ©particular composition, and thus
activity coefficients may be calculated at any given
temperature, if the "b'"-value is known.

The activity of zinc chloride (at 400°C) derived from
the formation cell emf data in the present work 1is plotted

in figure 4.6. A positive deviation from ideality is
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indicated for compositions with the mole fraction of zinc
chloride < 0.64; below this value the activity decreases
relatively rapidly, resulting in large negative deviations
fOr Xmes > 0.6. The activity shows good agreement with
the activity of zinc chloride derived by Gibbs—-Duhem
integration of the sodium chloride activity obtained from
the cell Na/beta-alumina/NaCl+ZnCl./Cl.,C by Dudley
and Inman at 477°C (60), and also with the activity
derived from the zinc chloride vapour pressure by Bloom et
al (53) and Moss (52). Other comparatively recent
investigations of +the NaCl-ZnCl. system have been made
by Lesourd et al (59) and by Dijkhuis and Ketelaar (12),
both of whom however used cells which may have given rise
to unknown Jjunction potentials.

In particular, the results of Lesourd et al (59) appear
to show much too great a positive deviation from ideality
compared with the results of other workers; their
activities derived from the analogous cell containing LiCl
likewise show an even greater and probably unjustifiable
positive deviation (58) (see chapter two) . The
discrepancies probably stem from the inevitable use of a
number of free energy .terms of debatable accuracy in
interpretating the potential of the cells in question:

Zn/ZnClz:+MCl/Pyrex/MNO;/AgCl/Ag (M=Li or Na)
Additionally the emf values show a large scatter.

Returning to the present work, the activity of NaCl at
400°C obtained from the Gibbs-Duhem integration is
plotted 1in figure 4.7. Near +the 1liquidus, positive

deviation from ideality 1is found, but the results did not
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;ndicgte. as great a2 negative deviation as do the
extrapolated values of Dudley and Inman for +the NaCl
formation cell (60).

The partial enthalpies and entropies of ZnCl. 1listed
in table 4.3 do not show an obvious trend; however i1t may
be pointed out that the values are calculated from the
difference between two quantities of similar magnitude and
so may be subject to considerable error. For example, a 1%
error in the gradients of the Nernst plots can become a
25% uncertainty in the entropy. As a consequence,
enthalpies of mixing are best determined calorimetrically:
for example, Papatheodorou and Kleppa (7) have reported
the integral enthalpies of mixing for the LiCl/ZnCl. and
CsCl/ZnCl: systems. The "interaction parameter" (117),
which is the enthalpy divided by the product of the mole
fractions of the components, showed a "“sharp" minimum for
the CsCl system at +the composition corresponding to
Cs2ZnCl., suggesting a strong tendency to form the
chlorozincate ion. A shallow minimum was however obtained
for the LiCl system, agreeing with the expected trend of
decreasing interaction with a decrease 1in basicity of the
alkali halide. Finally it may be noted that the formation
cell enthalpies of Robertson and Kucharski (54) do not
agree well with the calorimetric enthalpies (7)., possibly
for the reason noted above.

4.4.3 Potassium chloride-zinc chloride

Nernst plots for this system are shown in figure 4.8.

Good straight lines were obtained for all compositions,

and least squares analyses gave the intercepts and
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109

gradients shown in +table 4.2. Derived thermodynamic
quantities are also reported in table 4.3. The activity of
KCl (figure 4.7) was <calculated by the Gibbs-Duhem
integration, as for NaCl, the standard state being taken
at 400°C as amm = 1 at the 1liquidus composition where
Xew = 0.60 (50), g0 that ¥xex = 1.67. This leads to a
relationship analogous to that of eqn. 4.10.

In figure 4.9 the activity of zinc chloride is plotted
against composition. The values indicate a continuously
increasing negative deviation from ideality as the mole
fraction of zinc chloride decreases. A reasonable
agreement with values obtained for +the 2inc chloride
formation cell by Robertson and Kucharski (54)
(extrapolated to 400°C) can be observed, and indeed with
the concentration cell results (12), and with the vapour
pressure-derived values (52,53). It may be noted that the
activities of both KCl1 and ZnCl. show generally greater
negative deviations +than 1in the NaCl-based system, a
reflection of the greater basicity of KCl over NaCl.

The entropies and enthalpies shown in table 4.3 again
may not reflect a meaningfui trend due to the errores which
ma.y be involved (see above).

4.5 Concentration cell-General
The concentration cell may be formulated as:
Zn/ZnCl.+KC1l(801id) /ZnCl.+KCl(test soln.)/Zn
The KCl-saturated reference solution was prepared by
mixing powdered KCl and ZnCl: in the ratio 70:30 mole
per cent, and placing in a vertical Pyrex tube of internal

diameter 2 cm. with a Pyrex no. 3 frit closing the lower
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Figure 4,9, Activities of zinc chloride 1in KC1-ZnCls
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end. On heating to the experimental temperature (408°C),
a saturated solution of KCl was formed with excess solid
present, as indicated by the phase diagram (50).

The reference compartment was placed 1in the inner
container of +the electrochemical cell which initially
contained a 20 mole per cent KC1l/ZnCl. mixture. The
relative weights of melt 1in the reference and test
solution compartments were chosen so as to produce
approximately the same melt level.

During the course of the experiment sucessive portions
of powdered KCl were added to the test solution through a
delivery tube and the solution stirred for ten minutes
after each addition by bubbling argon to aid the
dissolution of the KC1l.

Vitreous carbon microelectrodes were placed in both
compartments, and a tungsten wire counter electrode in the
solution compartment. The =zinc electrodes were formed in
situ by depositing metal on the vitreous carbon as
described above for the formation cell. The emf between
the zinc electrodes was measured immediately after|mdﬁn3
by a high impedence voltmeter. The asymmetry potential of
the cell was determined in a preliminary experiment with
pure zinc chloride in both compartments and was found to
be 0.4 mV at 408°C.

After the 1initial heating to 408°C, an equilibration
period of about 30 minutes at temperature was required to
produce a stable emf. After +this period, the cell enf
quickly attained a steady value after pulsing and

maintained this value for about 10 minutes before
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drifting, probably as a consequence of electrode
passivation caused by the reaction of trace oxide
impurities with the zinc surfaces. On re-pulsing. the same
emf was generally obtained (3 mV).

The reproducibility of the emf was not appreciably
altered by bubbling argon through the test solution for
20 minutes, showing that rapid mixing of the reference and
test solutions was not occurring.

4.6 Concentration cell-Results and Discussion

The emf values for a series of KC1l concentrations, from
two sgeparate exveriments, are plotted in figure 4.10. It
may be shown (116) that the emf of such a cell is given
by:

E = RT/2F 1nfa(I)/a(II)] + L _ (4.13)
where a(I) and a(II) represent the zinc chloride
activities in the test and reference solutions
respectively, and L represents the liquid Junction
potential, which is a function of the transport numbers of
zinc and potassium in the two solutions. This latter term
is evidently not negligable, since values of a(l) were
taken from the formation results and substituted into eqn.
4.13, and the apparent value of a(Il), the supposedly
constant reference activity, calculated. The values were
found to vary by a factor of 100X. Alternatively, a value
for a(II) was estimated from the present work, and from
literature values (see figure 4.8), giving a result of the
order of 102, Further, a value of 0.04 may be
calculated from eqn. 4.13, taking a(I) as 0.11 at a =zinc

chloride mole fraction of 0.5 (formation cell result from
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Figure 4.10. Variation of emf with composition for the
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the present work), and assuming that since +this +test
solution composition 1is close to that of the reference,
the liquid Junction potential may be neglected.

Taking the reference solution zinc chloride activity as
0.04 then, theoretical cell emfs may be calculated as a
function of composition for the concentration cell. The
results are compared with the experimental values of emf
in figure 4.10. It can be seen that the calculated emf
deviates considerably from the experimental as the
composition difference increases between the reference and
test solutions. For example, a very considerable 150 mV
discrepancy exists for the =zinc chloride mole fraction
0.77 in the test compartment.

Thus the above analysis indicates +that the 1liquid
Junction rotential cannot be neglected in the
concentration c¢ell. This 1is perhaps not surprising when
the relatively large changes 1n structure and physical
properties between melts rich in zinc chloride and melts
rich in alkali chloride are considered, which 1in <turn
affect +the transport numbers across the Junction. The
cells accordingly do not seem useful for the determination
of accurate thermodynamic data.

4.7 Calculated Solute activities in Zzinc chloride melts

With the determination of component activities in zinc
chloride-based melts, 1t becomes possible to calculate the
activity coefficients of dilute solute speciles in these
golvents by means of the coordination cluster theory (8),
as a function of composition (see chapter one). The

results should however be taken as merely indicating
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general trends, as the theory hasg not been quantitatively
verified, as least 1in molten salt media. It 1is also
necessary to estimate solute activity coefficients in pure
zinc chloride and pure alkall chloride. for +the acidic
solutes considered in this work, strong interactions with
alkalil chlorides are expected, leading to low activity
coefficients. On the other hand, relative insolubility in
pure zinc chloride was found for the trivalent chloride
of chromium, implying large activity coefficients.
Chromium(II) chloride and +titanium(III) chloride were
however, comparatively soluble. With these points in mind,
calculations were made, using the simplified form of the
equation with the exponential term set to one, and taking
the coordination number, Z, as 6. The activity coefficient
in pﬁre alkali halide was taken as 0.1. For an "insoluble"
solute, ¥ was taken as 100, and ¥ for a soluble solute in
pure zinc chloride as 1 or 0.1. The various cases can now
be considered:

1) Solute "insoluble" (¥=100) 1in pure zinc chloride.
Figure 4.11 shows that the activity coefficients increase
smoothly as the alkalil chloride content increases,
implying +that the solubility decreases 1in the same
fashion,.

1i)  ¥=1 in pure =zinc chloride. Again the activity
coefficients 1increase monotonically with alkali chloride
mole fraction.

iii) ¥=0.1 in pure zinc chloride. The activity coefficient
is relatively constant over the availlable composition

range, increasing slightly near the liquidus.
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function of melt composition (Alk = K or Na)
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Thus the calculations suggest that though large changes
in solute activity coefficient may occur, these changes
will occur relatively smoothly over the composition range
investigated. There is, for example, no "“sharp" maxima in
solute activity coefficient such as occurs in aluminium
chloride ©based melts at the 0.5:0.%5 mole fraction
composition, a consequence of the 1less rapid component
activity changes in zinc chloride melts, due to the lower
Lewis acidity as compared with aluminium chloride.

The 1implications for solute solubilility, for example,
are that a solute insoluble 1in pure zinc chloride but
soluble in alkall chloride (e.g. in LiC1l/KCl eutectic)
would show a continuously increasing solubility as the
alkali chloride mole fraction 1increased 1in an alkalil

chloride-zinc chloride mixture.
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5.1 Gepneral

As a preliminary to the solute studies, the cyclic
voltammetric behaviour of "“"pure" zinc chloride-based melts
(i.e. without added solutes) was examined with various
working electrodes. The purpose of this was twofold;
firstly to determine +the ©behaviour of +the working
electrode materials in the melts 1in order to select the
most sultable for the solute studies, and secondly to
briefly assess the effectiveness of the purification
process, and the results of allowing air and moisture to
contact the molten salt.

5.2 Principles of Cyclic Voltammetry

Cyclic voltammetry 1s a +technique which can yield
diverse information about the mechanism of an
electrochemical reaction from a comparatively simple and
rapid experimental procedure. For these reasons it is
pProbably the most useful technique for the
characterisation of new systems. Several good reviews of
the technique are available (77,78 ). from which the
references to +the original papers may be obtained if
necessary.

The theoretical basis of +this method relies on the
application of Fick's laws of diffusion (assuming that
transport by migration and convection is negligible), in
particular the law which describes linear diffusion to a

stationary plane from an essentially infinite bulk of
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solution:
dc(x.t) = D d*c(x.t) (5.1)
dt dx*

where C(x,t) 1is the concentration of a species at time t
and distance x from the electrode. D 1is the diffusion
coefficient and is a function of solution viscosity and
temperature, factors which are usually constant during the
electrochemical experiment. Analogous equations may be
applied for non-planar electrodes. Eqﬂ.(5.1) may Dbe
solved to gilve the surface concentrations at the electrode
as a function of time, employing the appropriate boundary
and initial conditions. Combining this result with the
first law, which states that the flux at the electrode
surface 1is ©proportional to the surface concentration
gradient, allows a relation between the current and
potential to be derived, as given below.

In the case of the cyclic voltammetric technique, the
potential of the electrode i1is varied 1linearly as a
function of +time, and at some potential 1l1limit, +the
direction of thé sweep 1s reversed. The potential-time
relation and the resulting current-potential curve are
shown 1in figure 5.1. The shape of the 1latter curve is
characteristic of a "reversible" reaction (with soluble
reactant and soluble product), i.e. a reaction where the
rate of the electron transfer is very rapid compared with
the rate of diffusion to the electrode. Thus as the
potential approaches the formal potential (E°) of the
redox couple, the surface concentration of reactant drops,
the flux to the surface 1increases, and the current

increases. As +the potential moves past E°, the region
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Figure 9.1, Cyclic voltammogram for a reversible
reduction process with both reactant and product soluble.
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near the electrode is depleted of reactant and the current -
reaches a maximum and declines. On reversal, analogous
changes occur with the product, and a similar peaked curve
results.

The useful parameters which m;y be obtained from the
voltammogram are also indicated. For a reversible wave,
involving a soluble product, the forward peak current is
given by:

i, = 0.4463nFAC*'(nF/RT)'/2v'/2D'/? (5.2)
where n= number of electrons +transferred, A= electrode
area (cm®), C*= bDulk concentration of gpecies O (moles
cm™), v= =scan rate (Vs'), D= diffusion coefficient
of 0 (cm*s™), and the other symbols have their usual
meaning. The relation implies that 1pa/ V2 is
constant with scan rate.

The peak potential &E;,, is related +to a quantity

called the half-wave potential E..a by:

Eo = Eve + 1.109(RT/nF) (5.3)
where
Eiz = E* - (RT/nF)1n(D.'’2/Dx'/?) (5.4)

and Do and Da are regpectively the diffusion
coefficients of the oxidised and reduced forms of the
couple. Usually Do=D»n approximat@y, and thus Eva
may be taken as E°', the formal potential of the couple.
The peak potential at 0.51i;., Evas, is given by:

Evsa = Eva—1.09(RT/nF) (5-5)

It follows that:

Epo~Epre = 2.2(RT/nF) (5.6)

= 128 mV at 400°C (n=1)
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For an insoluble product (79) the peak current is:

ipe = 0.6105nFAC*(nF/RT)*v'/*D'/= (5.7)

(reversible electron transfer), and the peak potehtial is:
Eps = E*'+(RT/nF)1nla*/(0.924)*)] (5.8)
where a* is the bulk activity of speclies O, and it can
be shown that:

Eso—Epa = 0.77(RT/nF) (5.9)

= 45 mV at 400°C (n=1)

It may be pointed out that the treatment for +the
insoluble product contains the assumption that the deposit
activity i1is instantaneously unity, which may not be the
case at the beginning of electrolysis.

For a soluble product, the ratio of anodic to cathodic
peak currents (assuming the initial scan 1is cathodic) is
unity for an uncomplicated reversible reaction (ira
measured from the decaying current baseline of cathodic
sweep). This may be calculated by the method of Nicholson
and Shain (77.78):
1pa/1s0 =(150)0+0.485(1w)o/15+0.086 (5.10)

(iw)e 18 the anodic peak current measured from the
zero current baseline, and (iw)o 1is the current
measured at the switching potential.

Again for a soluble product, the peak separation is:

Ep—Es = 2.3(RT/nF) (5.11)
= 133 mV at 400°C (n=1)

No such simple relationship can be derived for the
insoluble case, s8ince +the form of the reverse sweep
depends on the deposit morphology, though recently

Schiffrin (80) has given a (approximate) current-potential
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relation for the entire voltammogram.

If eglow electron +transfer kinetics and/or coupled
chemical reactions are involved in the redox reaction,
then peak broadening, peak potential shifts and deviations
of the peak current ratio from unity can be expected as
the scan rate is changed. Also i, may not be
proportional +to v'2. The behaviour of these parameters
may allow diagnosis of a reaction mechanism.

Caution must however be applied in diagnosis, since
"ancompensated solution resistance" can cause peak
broadenings and potential shifts with scan rate, identical
to those produced by slow electron transfer
(irreversibility). The effect is produced by low solution
conductivities and may not be totally eliminated by the
circuitry of the potentiostat.

5.3 Results and Discussion
5.3.1 Counter and reference electrodes

A graphite rod electrode was generally used as the
counter in these studies. After prolonged use, swelling
and disintegration were sometimes observed, bprobably due
to chlorine evolution in the pores of the graphite.

For general use as a reference electrode, the platinum
wire quasi-reference was employed. The potential remained
constant (£5 mV) in purified melts under dry argon, but
shifted to more positive potentials, e.g. by up to +0.4 V
if air was admitted to the system, probably because of the
reduction of atmospheric oxygen at the electrode which set

up a redox couple.
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The Ag/AgCl glass reference electrode also exhibited a
stable potential in purified melts, the potential being
approximately 80 mV more positive than the zinc deposition
potential.

Finally, the zinc rod electrode also gave a stable
potential in purified melts corresponding to +the zinc
deposition potential as expected (see also discussion in
chapter 4 on stability of zinc electrodes).

5.3.2 ¥orking electrodes

Very different results were obtained with +the four
working electrodes and these will be discussed separately.
1) Tungsten electrode.

Cyclic voltammograms obtained in purified melts (e.g.
with 0.15 mole fraction NaCl) with this electrode showed
variations according to whether the cathodic melt 1limit
(zinc deposition) was reached. If the 1limit was not
reached, then 1low currents resulted until +the anodic
limiting reaction (chlorine evolution) was attained (fig.
5.2). However the anodic background current observed over
most of the potential range may indicate oxidation of the
tungsten, as noted by Rubel and Gross (66) in these melts.

If the cathodic 1limit was reached, then additional
peaks appeared on subsequent scans, occurring at about
+ 50 mV and +1.3 V respectively, relative to the =zinc
deposition potential (A and B in fig. 5.3). These peaks
did not occur with the other working electrodes, and were
thus thought to be due to a reaction of the tungsten,
possibly of an oxide 1layer on the surface, since the

intensity increased in "wet" melts (below).



Figure 5.2, Cyclic voltammogram of purified
cent NaCl-ZnCl. melt at 391°C under argon

Working electrode: Tungsten
Counter electrode: Graphite
Reference electrode: Platinum wire

Scan rate: 200mVs"
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Figure 75,3, Cyclic voltammogram of purified 15 mole
cent NaCl-ZnCl: melt at 391°C under argon

Working electrode: Tungsten
Counter electrode: Graphite
Reference electrode: Platinum wire

Scan rate: 100mvs™
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The effect of exposing a purified melt +to the
atmosphere wasg to enhance the intensity of the
"additional" peaks (fig. 5.4). This only occurred after
several hours exposure, 1ndicating a relatively slow
interaction with moisture in the molten state. For
comparison a "wet" melt was investigated; this was
prepared by mixing in the dry box Analar zinc chloride and
sodium chloride from the bottle and melting wunder dry
flowing argon without any purification. Initially copious
gquantities of water were evolved from a water-white melt;
under +these conditions the voltammograms exhibited much
larger currents (fig. 5.5). After about three hours +the
evolution of water appeared to cease, and after one day,
the glass of the container was etched and opaque. By this
time the current was somewhat diminished, and some rather
ilil-defined peaks could be distinguished (fig. 5.4).

It was also obgserved that when the "wet" melt was
allowed to solidify in its (etched) Pyrex container, the
container shattered, whereas with purified melts, even
those exposed +to air for several days, the still
transparent container did not shatter and furthermore the
solid melt did not adhere to the glass. These observations
are 1indicative of the reduction of the concentration of
oxide ions and related species in +the melt (which are
known to cause etching of glass) by the purification
process.

To conclude, it may be noted that tungsten anodically
oxidised in aqueous NaOH to form an oxide layer, produces

similar voltammetric peaks in KCl1l-ZnCl: melt (81). Also



Figure 5,4, Cyclic voltammogram of purified 15 mole per
cent NaCl-ZnCl: melt at 391°C after a 3-day exposure
to air
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Counter electrode: Graphite
Reference electrode: Platinum wire
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Figure 5.5. Cyclic
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Figu.e 5’5.6, Cyclic
per cent NaCl-ZnCl.
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Melandres (82) reported "extraneous" Peaks when
investigating the behaviour of water in LiCl-KCl melts;
these peaks were probably manifestations of the same oxide
layer.

ii) Vitreous carbon electrode.

In complete contrast to the behaviour of the tungsten
electrode, this electrode exhibited no distinct peaks
until the melt limits were reached. Thus cyclic
voltammograms obtained with purified melts, purified melts
exposed to air, ahd even unpurified melts with copious
water evolution, were virtually identical. A +typical
voltammogram is shown in figure 5.7.

It is of interest that Perry and McDonald (37) failed
to obtain peaks on glassy carbon for the reduction of HC1
in KC1-ZnCl: melts, though platinum gave well-defined
waves, whereas Minh and Welch (83) surprisingly did obtain
waves on glassy carbon 1n LiCl1l-KC1l-ZnCl.. Osteryoung in
contrast reported +that waves due to water (or the
hydrolysis products, e.g. HCl) could not be obtained in
room temperatﬁre chloroaluminate melts (84), due to the
high overpoténtial for hydrogen evolution. Hence <the
evidence suggests that the protonic melt species cannot be
reduced on vitreous carbon before the cathodic melt limit
is achieved.
ii1) Platinum wire electrode.

Tested only in purified melts, the platinum electrode
showed low residual currents which confirmed +the removal
of impurities, but the working range was less than that of

tungsten or vitreous carbon (fig. 5.8). As the potential



Figure 5.7. Typical cyclic voltammogram using vitreous
carbon working electrode: purified, unpurified or
air-exposed 15 mole per cent NaCl-ZnCl. melt at 391°C
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Figure 5.8, Cyclic voltammogram of purified 15 mole per

cent NaCl-ZnCl: melt at 391°C

Working electrode: Platinum
Counter electrode: Graphite

Reference electrode:
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was lessened in +the negative direction a reaction
occurred, presumably zinc deposition, the scan becoming
"noisy". A sharp stripping peak was not observed,
probably due to alloying of zinc with the platinum, as
previously reported (65). At a potential of about +1.2V
relative to the zinc deposition potential, a reaction
was observed which was probably the anodic dissolution of
platinum rather than chlorine evolution (65).

iv) Gold electrode.

The range of this electrode (in purified melts) was
only about 0.7V, the ©behaviour ©being qualitatively
similar to that of the platin@m electrode. Again a broad
stripping peak suggested alloying of deposited =zinc,and
anodic dissolution of the gold appeared to occur,
confirmed by visual observation of a brown colouration
around the electrode. A typical voltammogram is shown in
figure 5.9.

5.4 Conclusions

From this brief study, it was concluded that the 1low
residual currents obtained with tungsten, platinum, and
gold electrodes 1in purified melts demonstrated the
success of the purification process in removing
electroactive impurities due to the presence of water. It
is not however possible to estimate the concentration of
electroactive speciles present, due to the unknown nature
of the processes occurring. It has been reported that the
same process generally results 1in less than 500 ppm
oxygen content 1in KC1l-ZnCl. melts (35,37). Generally

the residual currents were not significant compared with



Figure 5,9, Cyclic voltammogram of purified 15 mole
cent NaCl-ZnCl: melt at 391°C under arxrgon
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the currents due to the dissolved solute species.
However, the use of the above-mentioned electrodes in
the solute studies was considered undesirable, due to the
possiblility of reactions such as metal dissolution,
formation of surface films, and alloying. Hence the
vitreous carbon electrode was exclusively used for the
solute studies. This electrode has the advantage of low
residual currents, and the absence of alloying or
dissolution reactions. A possible disadvantage was the
inability to detect waves due to contamination by water;
however i1t was considered that any such contamination
would probably be detectable by the effect on the solute
species, and thus influence the form of +the cyclic

voltammograms.
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CHAPTER SIX
CYCLIC VOLTAMMETRY OF CHROMIUM COMPOUNDS IN
ZINC CHLORIDFE-ALKALI CHLORIDE MELTS
6.1 Procedure and general obgervations

This chapter mainly concerns the electrochemical
behaviour of chromium(II) solutions in these melts. The
solutions were conveniently prepared by the reaction of
finely-divided chromium metal with +the molten salt, and
it was hoped that +this procedure would minimise oxygen
contamination of the melts. It was not possible to prepare
chromium(III) solutions in the more acidic melts, due to
the insolubilty of the chloride.

The reaction of chromium metal produced visually a grey
suspension, which settled to leave a clear pale green
solution, regardless of melt composition. Unreacted
chromium metal and chromium(III) oxide, but not =zinc
metal, were detected in the residue after dissolving the
solidified melt in water. However, the green melt solution
gave the characteristic strongly reducing blue
chromium(II) solution in water, leaving little doubt that
chromium dissolution in the melt occurred by displacement
of zinc:

Cr + ZnCla ---> CrCl: + Zn (6.1)

This is consistant with the fact that the free energies of
formation of the respective chlorides differ by only about
10 kJIJmole® at 400°C, and thus 1in +the presence of a
large excess of zinc chloride, as in the present work,
reaction 6.1 will proceed to the right.

The aqueous chromium(II) solutions were conveniently
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analysed by A.A. to provide chromium, =zinc, and alkali
metal melt concentrations.

The redox behaviour of the chromium(II) melt solutions
was s8tudied as a function of melt composition, solute
concentration, and temperature. The maximum temperature
employed in the studies was about 440°C, chosen so as to
minimise problems due to volatilisation of zinc chloride,
particularly in the more acid melts. It is convenient +to
consider the more basic melts first, however, as these
exhibited readily interpretable electrochemical behaviour.
All density and viscosity values needed below (e.g to
calculate chromium(II) concentrations and Stokes 1law
radii) are derived from data given in references 44, 45,
and 46.

6.2 Cvclic voltammetry of chromium(II) solutions-—
Results and Discussion

6.2.1 Potassium chloride-zinc chloride melts

a) 0.6 mole fraction KCl and 0.5 mole fraction KCl.

The oxidation of chromium(II) in melts of these
compositions was found to be a one-electron reversible
process 1involving soluble reactant and product, for all
concentrations of chromium(II) and temperatures studied.
In the case of the 0.5 mole fraction KC1l mixture, the
reaction of chromium metal at 400°C produced a maximum
chromium(II) concentration of 0.16M, which appeared to be
in equilibrium with excess chromium metal. The maximum
concentration was not determined for the 0.6 mole fraction
KCl composition. No reduction wave for chromium(II) could

be observed before the onset of zinc deposition.
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Thus figure 6.1 shows a typical cyclic voltammogram for
chromium(II) in a 0.6 mole fraction KCl melt (0.065M at
388°C), while table 6.1 shows the behaviour of the
voltammetric parameters with scan rate (v). Figure 6.2
gives a plot of i, versus +'2, The peak separation,
peak positions, and half-peak widths did not vary
significantly with scan rate and are consistant with a
reversible one-—-electron transfer (calculated AE,, 131
nV, Epa~Epesas 125 mv) . Also, the 1o/ 150 values
are nearly constant and close to 1.0 for all scan rates.

The 1linearity of +the plot of i, against v/ (fig.
6.2), also 1indicates the absence of chemical reactions
coupled to the electron transfer.

For chromium(II) in the 0.5 mole fraction KCl1l melt,
very s8imilar results were obtained, with the exception
that the peak separation increased slightly with scan
rate (table 6.2). This may indicate a degree of
irreversibility in the electron transfer reaction, though
the effects of uncompensated solution resistance cannot be
ruled out, the effect being enhanced by a drop in melt
conductivity, e.g. by increasing the zinc chloride
content (see below).

Table 6.2 also shows that below 50 mVs™, the peak
current ratio is somewhat less than one. This was a quite
general phenomenon if the melt temperature was above about
400°C, and was attributed +to removal of +the reaction
product by convection due to the relatively 1long scan
times.

Figure 6.3 shows plots of b P versus i for
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Figure 6.1. Typical cyclic voltammogram
oxidation of chromium(II) (0.065M) in 0.6
KC1l-ZnCl. at 388°C

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rate: 1000 mVsg™

(onset of Cl,
evolution)

for
mole

the
fraction

1.72 V

+ 0.26 V



141

Table 6.1, Voltammetric Parameters for 0.065M
chromium(II) in 60/40 mole wp.c. KC1/ZnCle: at 388eC
Scan rate/ Ipe/Ipe AE,/ Ipn/Vv'2/
mve- mV mA/ (Vs-)/e
1000 1.10 130 1.78
500 1.08 " 1.80
200 1.05 " 1.82
100 1.08 - 1" 1.82
50 1.02 " 1.82
20 1.03 " 1.86
Epe—Epasz/mV E/V Essa/V
1000 130 1.01 0.95
500 130 " "
200 130 " "
100 130 " "
50 130 " "
20 1 30 " "
5 130 " “"
Tahle 6.2, Voltammetric  Parameters for 0.15M
chromium(II) din 50/%0 mole wp.c¢c. KCI1/ZnCla _at __ 412°C
Scan rate/ Too/ It AEL/ I/ Vv"2/
mvVs™ mvV mA/ (Vg)ve
1000 1.07 180 4 .22
500 1.06 190 4.30
200 1.02 170 4 .47
100 0.99 165 4..67
50 0.95 160 4.90
20 0.87 150 5.23
S 0.82 140 6.19
Epe=Epasa/mV Ewn/V Ev2/V
1000 140 1.1 -
500 140 1.14 -
200 135 1.13 -
100 130 1.13 -
50 130 1.13 -
20 130 1.12 -

5 130 1.11 1.04
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Table 6.2 continued. Voltammetric Parameters for 0.19M
chromium(II) in %50/40 mole b.c. KC1/ZnCls at 333°C

Scan rate/ I/ Ise AE,/ Lo/ Y2/
mVs- mV mA/ (Vg )2
1000 1.14 182 2.79
500 1.10 180 2.84
200 1.10 148 2.88
100 1.13 127 2.76
50 1.15 127 2.74
20 1.23 127 2.82
5 1.07 125 3.04
E,.—E,./a/mv E,./V Ei/a/v
1000 153 1.09 -
500 149 1.09 -
200 132 1.08 -
100 127 1.07 -
50 127 1.07 -
20 116 1.07 -
5 111 1.07 1.01

chromium(II) in 50/50 mole p.c. KC1/ZnCls at 293°C

Scan rate/ Iso/Ipe AE/ Tou/ 2/
mvs- mV mA/(Vs) /2
1000 1.13 135 2.15
500 1.13 137 2.17
200 1.15 127 2.13
100 1.10 111 2.23
50 1.09 111 2.19
20 1.03 85 2.28
5 0.82 85 2.60
Eu"'Epc/a/mV E»/v E1/:/V
1000 127 1.07 -
500 116 1.07 -
200 116 1.06 -
100 116 1.05 -
50 111 1.05 -
20 106 1.04 -

5 85 1.04 0.99
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Table 6.2 continued. Voltammetric Parametersg for 0,15M
chromium(II) in 50/50 mole p.c. KC1/Z2nCls at 260°C

Scan rate/ Is0/ 15 AE,/ Ipa/ N2/
mVs- mV mA/(Vs)/®
1000 1.11 176 1.52
500 1.12 148 1.50
200 1.09 127 1.54
100 1.02 106 1.62
50 1.00 106 1.61
20 0.93 95 1.66
5 0.57 85 1.76
Era—Epasa/mV Ea/V Eva/V
1000 153 1.03 -
500 132 1.02 -
200 161 1.01 -
100 106 1.00 -
50 106 " 1.00 -
20 106 1.00 -

5 106 1.00 0.95
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Figure 6.2. Plot of peak current against square root of
gscan rate for the oxidation of chromium(II) (0.065M) in
0.60 mole fraction KC1l-ZnCl. at 388°C
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Figure 6.3. Plots of peak current against square root of
scan rate for the oxidation of chromium(II) (0.16M) din
0.50 mole fraction KC1l-ZnCl. at various temperatures
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various temperatures. It may be noticed that the plots are
good straight lines passing through the origin, except at
the highest temperature (412°C) where convection effects
can be observed at the lower scan rates, and cause the
observed currents to be slightly higher than would be
pPredicted from the expected linear relationship.

Diffusion coefficients (cm?s™ b4 10-9) calculated
for the four temperatures from the gradients of the peak
current/square root(scan rate) plots were as follows:
412°C, 5.0: 333°C, 2.0; 295°C, 1.1 260°C, 0.5. An
Arrhenius plot of 1nD against 1/T is shown in figure 6.4.
A reasonable straight line was obtained, giving:

In D = - 4.349 - 5389/T (6.2)
The value of the diffusion coefficient at 412°C may be
compared with values obtained 1in LiCl/KCl eutectic at

397°C for divalent +transition metal ions with similar

ionic radii: Mn3*, 7.4 Fe?, 6.9; Co**, 5.8 (94).
As can be seen, the diffusion coefficients are quite
similar. Also, Legey (95) has reported a value of

2.0x10"?* for Cr= in LiCl/KC1l eutectic at 500°C; a
value of 1.2x10° can be extrapolated from eqn. 6.2.
However Vargas' results (96) give a value of only
1.8x10° at 450°C in this eutectic.
It is interesting to apply the Stokes-Einstein equation
to the above results:
D = KT/6mrn (6.3)
where k 1s Boltzmann's constant, r is the radius of the

diffusing ion, and h 1is the solution viscosity. For the
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Figure 6.4, Arrhenius ©plots for +the variation of
diffusion coefficient of chromium(II) with temperature in
various KCl-ZnCl., melts .

4+ ©0.15M Cr(II), 0.50 mole fraction KCl
m O0.35M Cr(II), 0.40 mole fraction KC1
®© 0.26M Cr(I1I), 0.30 mole fraction KC1l

1n (D)

(cm?*s™)

..._14 -
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LiC1/KCl eutectic, the viscosity was taken from reference
43, Table 6.3 shows the calculated radii for Cr* in

various melts at various temperatures.

Table 6.3-Stokes radii for Cr* din KC1/ZnCl. and

LiCl-KCl melts

Melt Temperature/°C Vigcosity/mPa.s Cr** radius/pm
0.6KCl/ 388 7.8 135
ZnCl.
0.5KCl/ 412 5.9 169
ZnCl.

" 333 12.6 181

" 295 26.1 148

" 260 85.1 90
LiCl/KC1 500 2.4 158

The moderate scatter in the values of the radii despite
the relatively large changes in viscosity suggest that a
correlation does exist in the form of eqn.(6.3).
Furthermore, the values are similar +to those obtained for
the tetrahedral Fe* (170 pm) and Ni* (155 pm) in
LiCl/KC1l eutectic at 450°C (94), though these values are
over twice the "crystallographic'" radii for the ions (97),
for example, Fe*, 63 pm for 4-coordination.

The above results are consistant with the presence of a
tetrahedral chromium(II) speciles in the zinc
chloride-containing melts, though care must be exercised
in the use of the Stokes-Einstein relation, since this is
strictly applicable only to spheres moving +through an
incompressible continuum, but the relation is roughly

obeyed by cations in molten salts (98).
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Returning to the voltammetric results, these may be
compared with results obtained in the LiCl/KCl eutectic,
where conflicting reports exist concerning the
Cr*/Cr* couple. For example, Vargas (96) obtained a
reversible wave for Cr* oxidation (CrcCl.
concentration: 0.931M) at 450°C, whereas Levy and
Reinhardt (99) reported low i,/is. values for  the
otherwise reversible Cr3 reduction for sweep rates <
100mVs" and a solubility for CrCl: of only 40 ppm at
500°C. These results they attributed to the slow
chemical reaction Cr* + +2C1- —> CrCla. (soliq).
Significantly, though, the 1low solubility was obtained
after bubbling argon through a CrCl:. suspension for five
hours, and filtering. It i1s thus 1likely +that the CrcCl.
was decomposed to insoluble Cr.0; by oxygen 1in the
argon, no special purification procedures appearing +*to
have been appied to the gas. Laitinen et al (100) obtained
results similar to those of the latter authors (99) but
noted that CrCl: was 1n fact appreciably soluble in the
melt, and assumed that the 1low 1i,./i.. values were due
to an irreversible chemical reaction following the
electron transfer:

CrCle> + e = CrCl¢* (rapid) (6.4)

CrCle~ ——> CrCle- + 2C1- (slow) (6.5)
However, as noted above, the low peak current ratios at
relatively slow scan rates 1in zinc chloride-based melts
appeared to be a general phenomenon, regardless of melt
composition or solute species, and were attributed to the

effects of convection.
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To sum up, the behaviour of chromium(II) in the 0.5 and
0.6 mole fraction KC1l/ZnCl. appears to parallel that in
the LiCl/KCl eutectic, and 1t 1likely that the same
chloro-complexes of chromium(II) and (III) (i.e. the
hexachlorochromate(III) and tetrachlorochromate(II) dions
formulated in eaqns. 6.4 and 6.5 above) exist in these
melts given the relative availability of chloride ion. For
example, bulk oxidation of the green chromium(II)
solutions 1in the chlorozincate melts produced a violet
solution characteristic of the hexachlorochromate(III) ion
postulated to exist in melts such as the LiCl1l/KCl eutectic
(101). However, UV/visible spectroscopy would be necessary
to confirm this conjecture.

b) 0.4 mole fraction KC1l.

At 400°C, voltammetric parameters for a 0.35M
chromium(II) sclution in +this melt suggested behaviour
similar to that observed for the 0.5 mole fraction KC1
melt, i.e. a reversible one-electron oxidation involving
soluble reactant and product (table 6.4). Thus the plot of
i versus wi/R is linear, apart from deviations
introduced by convection at lower scan rates (fig. 6.5).

However, on cooling the solution below about 320°C, a
distinct change was observed 1in the reverse (cathodic)
sweep of the voltammograms at scan rates < 50 mVs™, the
waves becoming narrower, with in increase in current over
the expected reversible value, leading to relatively high
values of 1i./1i. (table 6.5). On further cooling to
282°C, inflections could be observed in the cathodic

peaks, corresponding to relatively abrupt increases in
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Iable 6.4, Voltammetiric  Parameters for 0.,35M
chromium(IT) in 40/60 mole p.c, KC1/Z2nCls at 400°C
Scan rate/ Ipo/ Ipa AEy/ Ipa/VV2/
nvs- mv mA/ (Vs )2
1000 1.09 200 5.67
500 1.06 190 5.89
200 1.02 170 6.18
100 1.01 150 6.41
50 1.00 143 6.61
20 1.03 125 6.58
5 0.87 115 T.75
E,.—E,./a/mv E,./V E1/z/v
1000 156 1.136 -
500 161 1.126 -
200 156 1.105 -
100 151 1.09% -
50 148 1.095 -
20 145 1.090 -

5 140 1.090 1.028
Table 6.5, Voltammetric _ Parameters for 0.35M
chromium(II) in 40/60 mole p.c. KC1/ZnCls at 312°C
Scan rate/ Ir0/ Ipa AE,/ Ioa/V*2/

mVs™ mV mA/ (Vs) /=
100 1.10 110 4.59
50 1.02 105 4.71
20 0.98 120 5.03
10 1.23 150 5.13
5 1.32 130 5.61
Ep;_Ep./a/mV Ep./v Ei/a/v
100 130 1.069 -
50 125 1.064 -
20 125 1.062 -
10 114 1.060 -

5 104 1.058 1.003
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Figure 6.5, Plot of peak current against square root of
s8can rate for the oxidation of chromium(II) (0.35M) in
0.40 mole fraction KCl-ZnCl. at 400°C
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reduction current (fig. 6.6). At 1 mVs"' s8can rate, an
inflection could also be seen prior to the anodic peak.

To anticipate results discussed in the later sections
of this chapter, it will be noted here that the form of
the voltammograms was shown to be due to the deposition
of chromium(III) chloride on the electrode, and subsequent
stripping of +this material, and is evidently strongly
dependant on scan rate.

for a more concentrated chromium(II) solution (0.52M)
in an 0.39 mole fraction KC1 melt at 400°C, the
voltammograms exhibited very narrow cathodic stripping
peaks, up to at least 1 Vs®, and inflections were
observed prior to the anodic peak, up to 100 mVs™" (fig.
6.7). The 1i,;./is. Values were consequently relatively
high, up to 2.8 (table 6.6). However, the plot of i
versus v'* shown 1in figure 6.8 did not show deviations
from linearity any more pronounced than those observed for
the reversible oxidations in the more basic melts. On the
other hand, a significant shift in peak potential with
increasing scan rate, together with peak broadening, was
noted, indicating an irreversibility effect (table 6.6).

The appearence of +the anodic 1inflections may be
rationalised by noting that, for a reversible reaction,
the electrode surface concentration ratio of chromium(III)
to chromium(II) is governed by the Nernst equation:

Cerarny/Cerary = exXp[F(E~E°') /RT] (6.6)
where E 1is the applied potential and E° is effectively
the half-wave potential. It can be seen that the surface

concentration ratio is governed only by the applied



154

Figure 6.6, Typical c¢cyclic voltammograms for the
oxidation of chromium(II) (0.35M) in 0.40 mole fraction
KC1l-ZnCle. at 282°C

Scan rates: 50 mv™

Working electrode: vitreous carbon
Reference electrode: zinc
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Figure 6.7. Typical cyclic voltammogram for the
oxidation of chromium(II) (0.52M) in 0.39 mole fraction
KC1-ZnCla at 400°C

Working electrode: vitreous carbon
Reference electrode: zinc
Scan rate: 100 mvV™?

+ 1.74 V
+ 0.33 V
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Iable 6.6. Voltammetric  Parameters for 0.52M
chromium(II) in 39/61 mole ».c., KC1/ZnCl. at 400°C

Scan rate/ 150/ Ia AEs/ Ipa/V'2/
mVs™ mv mA/ (Vs™)\*
1000 1.60 371 10.62
500 1.93 294 10.82
200 2.51 330 10.90
100 2.60 329 11.07
50 2.72 282 11.74
20 2.72 232 12.81
5 2.80 174 14.14
Epa—Epesa/mV Ep/V
1000 177 1.302
500 146 1.252
200 162 1.213
100 188 1.172
50 146 ©1.146
20 118 1.131
5 94 1.103

Table 6.7. Voltammetric  Parameters for 0.26M
chromium(II) in 40/60 mole p.c. KC1/ZnCl: at 319°C

Scan rate/ Ivo/ Ipe AE,/ Isa/ N2/
mvVs*™ mv mA/(Vs™)2
1000 1.11 193 3.63
500 1.12 174 3.62
200 1.10 146 3.73
100 1.09 130 3.71

50 1.08 125 3.81
20 1.08 125 3.64
5 1.04 120 3.78
Epa~Epasz/mV En/V Ew=/V
1000 146 1.075 -
500 138 1.076 -
200 125 1.063 —
100 120 1.056 -
50 120 1.053 -
20 120 1.051 -
5 120 1.051 0.096
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Figure 6.8, Plot of peak current against square root of
scan rate for the oxidation of chromium(II) (0.52M) 1in
0.39 mole fraction KCl-ZnCl. at 400°C
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potential, and thus when the solubility of chromium(IIX)
at the electrode surface 1is exceeded, deposition should
occur at a fixed potential, regardless of scan rate. This
"critical potential" should correspond +to +the anodic
inflection point on the voltammograms. However, it was
also observed that the anodic inflection appeared only at
relatively slow scan rates, and shifted anodically with
increasing scan rate (see also below). This was
undoubtedly partly a consequence of the irreversibility
effects observed with the "soluble product' voltammograms,
but also probably a result of a kinetic step 1in the
nucleation and growth of +the crystals of chromium(III)
chloride, as is found, say. in the deposition of chromium
metal from LiCl/KCl eutectic (96).

Considering the cathodic part of the voltammogram, it
was evident that the form was strongly dependant on
chromium(II) concentration and scan rate. At slow scan
rates, a greater quantity of material can be deposited,
the longer deposition time more than compensating for the
reduced currents (since for two given scan rates, the
current will decrease as the square root of +the ratio of
the scan rates, but the scan time will increase with the
reciprocal of the ratio). Also, the deposit will have less
tome to nucleate and grow. These effects can be observed
in figure 6.6, as a transition from a rounded "soluble
product'" peak at higher scan rates, +to a more angular
stripping peak at lower scan rates.

An idea of the solubility of chromium(III) in these

melts can be got by analysing the surface concentration.
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For a Nernstian reaction involving a soluble product, it
is readily deduced from the surface concentration

relations (77,78) that:

Cocraarny = 6C°cran/[1+exp(F(E-Ein))] (6.7)
where Ccran is the bulk concentration of
chromium(II), and (2] is (Derczry / Derczzny ) V2. To a,

first approximation, © may bDe set to one. For 0.52M
chromium(II) at 400°C, an anodic inflection (at 5
mVs™) occurred at about +the '"soluble product' peak
potential, and so from eqn. 6.7, the surface concentration
of chromium(III) at this potential was about 0.75 the bulk
concentration of chromium(II), that is, 0.39M. With the
less concentrated 0.35M chromium(II) solution at 400°C,
eqn. 6.7 predicts that the saturation concentration of
roughly 0.39M chromium(III) cannot be attained, since the
maximum chromium(III) concentration is the bulk
concentration of chromium(II), O©0.35M, and +thus soluble
product behaviour 1is expected, as was in fact found.
Simlarly, the 0.35M solution at 312°C exhibited
narrow cathodic peaks, but no anodic inflections, giving a
predicted value for the saturated chromium(III)
concentration of ©between 0.26 and 0.35M (since the
potential corresponding to saturation and deposition of
chromium(III) chloride 1is presumed to be anodic of +the
oxidation peak): whereas a 0.26M solution showed only
soluble product behaviour at 319°C (down to 5 mvVs™
scan rate), as indicated by the parameters in table 6.7,
which 1is consistant with the concentration range given

above.
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Typical values of diffusion coefficient calculated for
the 0.35M chromium(II) solution are given in table 6.8,
together with viscosities and Stokes' radii at various
temperatures.

Table 6.8-Diffugion coefficients and Stokes radii for
cr* in 0.4 mole fraction KC1/ZnCls melt

T/°C D/cm*s™ Viscosity/mPa.s Cr# radius/pm
405 17 x107 5.1 587
312 9.4 ¢ 14.9 308
292 8.2 " 19.7 258
282 7.1 " 22.9 251

Generaliy the diffusion coefficients are lower and the
radii higher +than the values in the 0.5 and 0.6 mole
fraction KCl1 melts, +though the viscosities are quite
similar. This may point to coordination by 1larger
structural entities, e.g. ZnCl4*. The diffusion
coefficients vary with +temperature according to the
Arrhenius relation (fig. 6.4).

c) 0.3 mole fraction KC1.

In this more acidic melt, evidence of deposition of
chromium(III) chloride was manifested in the voltammograms
for the relatively dilute 0.26M chromium(II) solutions, up
to at 1least 434°C. For example, at 414°C, the cathodic
peaks showed evidence of inflections and of being narrower
than the normal "soluble product" peak, for scan rates
below 100 mVs? (fig. 6.9 ). For these s8can rates, the
peak current ratio was significantly greater <than one
(table 6.9), due to the increase in the cathodic peak.

However a plot of i,a Vversus v'/2 was linear, with
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Figure 6,9, Typical

cyclic voltammograms for the
oxidation of chromium(II) (0.26M) in 0.30 mole fraction
KCl-ZnCl: at 414°C

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rates:

200 mVs™

100 mVs™

50 mVs™
20 mVs™

5 mVs™

——

+ 1.56 V

+ 0.34 V
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slight deviations at lower scan rates due to convection
(fig. 6.10). On cooling to 386°C, an inflection could
also now be seen in the anodic peak (5 mvVs?), and on
further cooling to 328°C, inflections appeared for scan
rates up to 100 mVs™ (fig. 6.11). At this 1latter
temperature, the values of peak current ratio were
significantly greater than one (table 6.10) and the plot
of 1 versus w2 deviates considerably from
linearity at scan rates < 200 mVs™", indicating that the
preak heilght no longer follows the soluble product relation
(fig. 6.12).

For a more concentrated 0.58M chromium(II) solution, in
a 0.27 mole fraction KC1l melt at 400°C, well-defined
anodic inflections could be observed up to at least
1 Vs (fig. 6.13). The narrow half-peak widths, which
decreased with scan rate, indicating some irreversibilty,
are close to the expected value (45 mV) for a 1-electron
transfer involving an insoluble product, as shown in table
6.11. Evidently for this composition, the system
approximates to the voltammetric insoluble product model,
the precipitation of chromium(III) chloride occurring
well cathodic of the half-wave potential. It was of
interest to see 1if the entire voltammetric wave conformed
to the equation for reversible deposition as derived by
Schiffrin (80), and successfully applied to the reduction
of Ni* in LiC1l/KCl eutectic at 400°C. The model
assumes, as is usual, that the electrode is
instantaneously covered with a deposit of unit activity,

which may not be the case 1in the present instance. The
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Figure 6.10. Plot of peak current against square root of
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Table 6.9. Voltammetric Parameters  for 0,260M
chromium(II) in 30/70 meole p.c. KC1/ZnCle at 414°C

Scan rate/ Iso/Isa AEs/ Ip/ 'R/
mvs- mv mA/ (Vg™ )v/e
1000 1.11 198 4.05
500 1.09 192 4.20
200 1.07 161 4.28
100 1.08 177 4.43
50 1.16 177 4 .47
20 1.29 177 4. 61
5 1.59 193 5.30
Epa—Ejasz/mV En/V Ewa/V
1000 161 1.184 -
500 156 1.162 -
200 151 1.150 -
100 146 1.150 -
50 143 1.140 -
20 145 1.121 -
5 146 1.121 1.058

Scan rate/ Too/Ise AEy/ Ipa/ v/
mVs- nv mA/ (Vs—) /2
1000 0.98 270 2.30
500 1.16 276 2.32
200 1.50 270 2.61
100 1.73 281 2.81
50 1.95 260 2.73
20 1.40 208 3.34
S 1.37 140 3.93
Epa—Epase/mV Ep/V
1000 156 1.148
500 151 1.138
200 135 1.137
100 134 1.123
50 99 1.100
20 73 1.090

5 42 1.065
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Figure 6.11. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.26M) in 0.30 mole fraction
KC1-ZnCl. at 328°C

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rates: 1000 mvV™
500 mvV™
200 mVs™
100 mVs™

‘\\\~\\‘ 50 mVs™
S T 20 mVs™
\‘_\ S
— TTe————

m——

+ 1.64 V
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Figure 6.12. Plot of peak current against square root of
scan rate for the oxidation of chromium(II) (0.26M) in
© 0.30 mole fraction KCl-ZnCl. at 328°C
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Figure 6.,13. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.58M) in ¢.29.mole fraction
KC1l-ZnCl: at 400°C

Working electrode: wvitreous carbon
Reference electrode: zinc

Scan rates: 1000 mv~

500 mv-

200 mVs™

+ 0.38 v




Table 6.11. Voltammetric Parameters for 0.58M
chromium(IId) 4in 27/73 mele p.c, KC1/ZnCls at 400°C
Scan rate/ I/ Isa AE,/ Ipa/V2/ .
mva- mvV mA/(Vs=)/
1000 1.35 441 11.33
500 1.35 364 12.18
200 1.28 290 13.28
100 1.24 259 13.85
50 1.22 221 14.00
20 0.92 220 15.49
5 0.64 172 17.67
Epa—Epa/e/mV Ep/V
1000 152 1.446
500 ) 90 1.110
200 63 1.078
100 54 1.044
50 39 1.044
20 40 1.044

5 36 1.015
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current for the voltammetric wave is:
i1 = 1.84844i.{¢p(V'®) - e"™P(V-Vg)'2 H] -
1.6381[e™.e"™ . .erf(V-va)'?] .H (6.8)

where 1, 18 +the peak current, ©®(x) i1is the Dawson
integral (102), erf(x) is the standard error function,
V = (nF/RT)E, (E = applied potential), Vs = (nF/RT)Es,
(Es = sgswitching potential), and H = 0 if E < Es, else
H=11if E > Es.
The origin of the potential coordinate E is the potential,
Er, at which electrolysis starts; this is given by (80):
E, - E- = 0.8450 RT/nF (6.9)
where E; is the peak potential. At 400°C, E-r is
49mV cathodic of E,. Values of 1 were calculated from
eqn. 6.8 using a computer program to evaluate the
integrals; the results were checked against standard
tables (102). The peak current i, was measured from the
voltammograms.

The results of a typical calculation are shown in
figure 6.14. and compared with the experimental
voltammogram for 20 mVs™® scan rate. The deviation at
the beginning of the sweep may be due to non-unit activity
of the deposit, which is also observed for metal
deposition (80). Considerable deviations from the model
equation are 1indicated for potentials past the peak
potential, the current falling off too quickly. Also, it
may be noted that the stripping peak 1s significantly
cathodic of the predicted potentials. This latter result
in particular was characteristic of deposits obtailned

under varying conditions. Thus the deposition does not
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Figure 6.14, Cyclic voltammogram for

: the oxidation of
chromium(II) (0.58M) in o0.29/mole fraction KC1l-ZnCl.

400°C: Comparison with reversible case

at

Working electrode: vitreous carbon

Reference electrode: zinc

Scan rate: 20 mVs™
i
)

+ 1.66 V \
\ + 0.32 V

P

Theoretical curve
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appear to be purely diffusion-controlled and this process
and the subsequent stripping are not totally reversible.
Diffusion coefficients were calculated for the O0.26M
chromium(II) solution. (assuming that +the anodic peaks
conformed to the standard "“soluble product" relation as
indicated by the 1linear 1,./v'* plot of fig. 6.10).
The results are shown in table 6.12.
Table 6.12-Diffusion coefficients and Stokes radii for
Cr* dn 0.3 mole  fraction KC1/ZnCl. melt

T/°C D/cm®s™ Viscosity/mPa.s Cr* radius/pm
434 21 x107 4.0 632
414 19 " 5.0 544
386 15 h T.0 459
350 9.6 11.5 413
328 4.4 16.0 625

Further increases in the Stokes radii may be noted, and a
decrease 1n diffusion coefficient below the values for the
more basic melts at similar +temperatures. The diffusion
coefficients conform reasonably to the Arrhenius relation,
as shown in figure 6.4.

A rough estimate of the solubility of chromium(III)
based upon eqn. 6.7 can be made. For 0.26M chromium(II) at
386°C, an anodic inflection may be s8s8een about 10 nV
anodic of the half-wave potential (5 mVs™'). This yields
a solubllity of O0.14M.

d) 0.21 mole fraction KC1.

In this yet more acidic melt, only relatively dilute

solutions of chromium(II) gave +the "soluble product"

voltammograms, for example, a 0.023M solution at 400°C
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(table 6.13 and fig. 6.15). The peak shifts and broadening
with increasing scan rate indicate some irreversibility or
uncompensated solution resistance. Unfortunatly at these
low concentrations ,the anodic part of the voltammograms
was perturbed by background current evidently due to the
onset of chlorine evolution; +this effect was probably
responsible for the rather 1low values of 1i,./i,. found
in table 6.13.

With a 0.081M solution at 412°C, evidence of
insoluble product deposition appeared 1in the form of
narrow cathodic stripping peaks for scan rates of
20 mvVs~ or below (fig. 6.16). This voltammetric
behaviour is manifested as high peak current ratio values
in table 6.14.

For a much more concentrated 0.57M solution at 414°C,
insoluble product formation was apparent for scan rates at
least up to 1 Vs™, as might be predicted. The general
form of the voltammograms was similar to that of the 0.58M
solutions in the 0.27 mole fraction KC1l melt. Résults are
presented in figure 6.17 and table 6.15.

The diffusion coefficients calculated for +the 0.081M
and 0.023M Cr* solutions were surprisingly high,
considering that +the melt viscosity had increased, for
example, 6.8 x10°¢ cm?s™ at 414°C for the 0.081M
solution. This figure gives a Stokes radius of 67 pnm
(with n as 11 mPa.s), a value which must approximate to
the "crystallographic" radius of chromium(II). The value
must be cautiously interpreted, but assuming the validity

of the Stokes-Einstein relation (eqn. 6.3) this 4implies
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Iable 6.13. Voltammetric  Parameters for  0.023M
chromium(IX) in 21/79 mole p.c. KC1/ZnCl. at 400°C

Scan rate/ Ivo/ Iz AE,/ Ip/V'2/
mVg-® nV mA/(Vg™) e
1000 1.01 292 0.65
500 0.96 269 0.68
200 0.88 232 0.71
100 0.84 211 0.7T4
50 0.75 193 0.80
20 0.66 183 0.90
5 0.63 181 1.06
Epa—Epase/mV Ep/V Ev/e/V
1000 213 1.220 -
500 200 1.201 -
200 195 1.181 -
100 191 1.175 -
50 190 1.165 -
20 182 1.157 -
5 178 1.142 1.07T7

chromium(IT) in 21/79 mole p.c. KC1/ZnCle. at 414°C

Scan rate/ I/ Ise AE/ Ipa/ 02/
mVs- mv mA/ (Vs™)'/2
1000 1.18 172 2.37
500 1.15 163 2.31
200 1.12 160 2.60
100 1.01 134 2.78
50 1.00 131 2.65
20 1.04 134 2.79
5 2.92 172 3.10
Epa—Epasz/mV Es/V El/a/v
1000 172 1.203 -
500 163 1.192 -
200 147 1.190 -
100 142 1.184 -
50 140 1.161 -
20 135 1.142

5 131 1.139 1.074
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Figure 6.1%9. Typical cyclic voltammogram for the
oxidation of chromium(II) (0.023M) in 0.21 mole fraction
KC1l-2nCl: at 400°C

+ 1.49 V + 0.47 V

—

Working electrode: vitreous carbon
Reference electrode: zinc
Scan rate: 500 mvV~™
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Figure 6,16. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.081M) in 0.21 mole

fraction
KC1l-ZnCl. at 412°C

Working electrode: vitreous carbon

Reference electrode: zinc

Scan rates:

20 mvV~™

+ 1.61 v

+ 0.31 V

0.2 mA
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Figure 6.17. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.57M) in 0.21 mole fraction
KC1l-ZnClas at 414°C

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rates:

100 mVg™ \

:

+ 1.63 V
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Table 6.15. Voltammetric  Parameters for 0.57M
chromium(IId) in 20/80 mole p.c, KC1/ZnCls at 400°C

Scan rate/ Is0/Ire AE,/ Lo/ 02/
mvVe™ mV mA/ (Vg)'\2
1000 1.43 396 7.80
500 1.34 332 8.16
200 1.24 275 8.79
100 1.29 230 9.48
50 1.33 220 9.50
20 1.29 204 10.32
5 1.15 181 11.48
Epa—Epasa/mV Ep/V
1000 180 1.321
500 153 1.280
200 117 1.236
100 83 1.215
50 37 1.201
20 35 1.172
5 35 1.150
Table 6.16, Voltammetric = Parameters for 0.74M
chromium(II) 4in wvure zinc chloride at 400°C
Scan rate/ Ipo/ Ise AE,/ Iea/Vv'2/
mVs™ mv mA/ (Vs™) /2
1000 1.46 882 1.81
500 1.52 774 1.90
200 1.61 600 1.89
100 1.47 509 2.27
50 1.44 425 2.30
20 1.41 341 2.65
5 1.36 255 3.09
Epa~Epesa/mV Es/V
1000 225 1.384
500 195 1.380
200 151 1.287
100 122 1.231
50 100 1.182
20 82 1.146

5 55 1.100
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that the uncomplexed. "bare" ion exists in these acidic
melts, presumably due to lack of strongly coordinating
species. A similar situation can exist for cations in
acidic chloroaluminate melts (103).

From eqn. 6.7, it is evident that the chromium(III)
solubility in this system must be less than, or equal to,
0.081M at 412°C.

e) 0.06 mole fraction KCl and pure zinc chloride.

Only insoluble product voltammograms could be obtained
in these very acldic melts, which were also distorted by
uncompensated solution resistance. In pure 2ZnCl., 0.T74M
solutions gave voltammograms with relatively broad peaks,
even at 5 mVs™" sgcan rate (fig.6.18, table 6.16). Peak
shifts and broadening at higher scan rates were also
apparent, probably due to the high melt resistance. More
reversible voltammograms were obtained with an 0.32M
solution through which HC1l gas had been bubbled for 1.5

hours, presumably improving the conductivity. Comparison

with the calculated reversible insoluble product
voltammogram (fig. 6.19) showed a reasonable
correspondance for the forward sweep, though the

experimental cathodic sweep begins to deviate from the
predictions of eqn. 6.8.
In comparison, an 0.72M chromium(II) solution in the
0.06 mole fraction KCl mixture exhibited voltammograms
reminiscent of the 0.58M solution 1in +the 0.27 mole
fraction KCl melt, with the half-peak width approximating
to the reversible insoluble product value (45 mv at

400°C), as shown in table 6.17.
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Figure 6.18. Typical cyclic voltammograms for the

oxidation of chromium(II) (0.74M) in pure zinc chloride
at 400°C

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rates: 100 mV™"

:\\

+ 1.75 Vv
+ 0.39 Vv
20 mVs™
;———————**"’/’f//////—\\\\:ré—‘_ )
+ 1.75 V
+ 0.39 V
5 mV™?

<

+ 1.69 V + 0.39 V
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Table 6.17. Voltammetric Parameters for 0. 72M
chromium(II) in .06/94 mole vp.c. KC1/ZnCls at 400°C

Scan rate/ Ioo/Ima AE/ Iou/v'2/
mVs- mV mA/(Vg)'/=
1000 1.10 493 6.56
500 1.06 422 6.90
200 0.96 315 T.69
100 0.91 260 8.20
50 0.84 221 8.65
20 0.78 201 9.48
5 0.53 182 10.39
Epa— Ep./:/ mV E,./V
1000 125 1.347
500 112 1.312
200 93 1.257
100 75 1.230
50 58 1.211
20 52 1.119

5 45 1.110
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Figure 6.19. Cyclic voltammogram for the oxidation of
chromium(II) (0.32M) in "“pure" zinc chloride at 400°C
(after HC1l bubbling): Comparison with reversible case

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rate: 20 mVs™

g

+ 0.44 V

Theoretical curve
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6.2.2 Sodium chloride-zinc chloride meltis

As the activity of 2zinc chloride in these melts is
greater +than that 1in KC1/ZnCl. melts for any given
_temperature and mole fraction of alkali chloride, it was
expected that the solubility of chromium(III) would be
correspondingly less, and that this would be manifested in
the voltammetric results.

a) 0.54 mole fraction NacCl.

At 400°C in thisgs relatively basic melt, essentially
reversible "soluble product" voltammograms were obtained
for a 0.26M chromium(II) solution, corresponding to the
one-electron oxidation to chromium(III), though increasing
peak separation and half-peak widths with increasing scan
rate were noted as with the KCl melts. Table 6.18 also

shows that the peak current ratio was close to one for

scan rates greater than 20 mVs™, and figure 6.20
demonstrates that i1i,. was proportional +to v'/=, except
at scan rates < 20 mVs~, the latter effect ©being

attributed to convection.

The diffusion coefficient at 400°C was calculated as
4.4 x 10°% cm*s™, giving a Stokes radius of 225 pnm
(viscosity coefficient = 5 mPa.s (45,46)). These values
are intermediate between those obtained in the 0.5 and 0.4
mole fraction KCl melts.

b) 0.4 mole fraction NacCl.

At 400°C a 0.33M chromium(II) solution in this system
showed evidence of product deposition in +the form of
narrow cathodic stripping peaks and abrupt increases in

current 1in the anodic waves (fig. 6.21). This compares
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Table 6.18, Voltammetiric = Parameters for 0.26M
chromium(II) in 54/46 mole v,c, NaCl/ZnCls at 400°C
Scan rate/ Iy0/ Iz AEy/ Isa/ '/
mVs- nv mA/(Vs—)ve
1000 1.01 200 T.72
500 1.00 195 T.T6
200 0.97 173 T.95
100 0.96 164 8.14
50 0.99 161 T.87
20 0.90 154 8.14
5 0.73 152 8.86
Ese—Epasz/mV Ex/V Ewe/V
1000 161 1.053 -
500 152 1.050 -
200 145 1.041 -
100 141 1.039 -
50 137 1.037 -
20 132 1.031 -
5 131 1.030 0.968

Scan rate/ Ivo/Ira AE,/ Ipa/ v/
mvs- mvV mA/ (V)2
1000 1.86 281 9.14
500 2.17 272 9.34
200 2.49 269 9.69
100 2.35 260 10.71
50 2.16 232 11.51
20 2.06 204 12.45%
5 2.31 177 12.45
E”-Eula/ mV E,./V
1000 166 1.067
500 163 1.067
200 160 1.067
100 131 1.024
50 95 1.104
20 83 1.101

5 59 1.101
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Figure 6.20, Plot of peak current against square root of
scan rate for the oxidation of chromium(II) (0.26M) in
0.54 mole fraction NaCl-ZnCl. at 400°C

8 A
+
6“
Peak
current/mA
4.4

tJ
L

') T T T T !
i) G.2 O.4 0.6 0.8 1

\)1/:/ (VS")‘“



185

Figure 6.21. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.33M) in ©0.40 mole fraction
NaCl-ZnCl. at 400°C

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rates: 200 mVs™

100 mVs™

50 mVs™

20 mvVs™

5 mV™

+ 1.58 Vv
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with the 0.35M chromium(II) solution in the equivalent
KCl-containing melt, where no evidence of deposition was
observed at this temperature.

The voltammetric parameters for the NaCl system were
characteristic for the deposition process with the current
ratio significantly greater than one, the half-peak width
tending to relatively low values at low scan rates, when
the effects of irreversibility should have been minimised
(table 6.19).

For the more dilute 0.11M chromium(II) solution at
398°C, evidence of deposition was only apparent at low
scan rates (< 100 mVs™) as indicated by the high values
of 1,./i,. (table 6.20, figure 6.22). There was no
indication of inflections on the anodic peaks. For a yet
more dilute 0.075M solution, no evidence of deposition was
seen at 388°c, the voltammetric parameters being
characteristic of a one-electron +transfer with soluble
product, apart from a slightly increased peak separation
and peak width at higher scan rates (table 6.21).

These results suggest that a significant reduction in
chromium(III) solubility occurs on replacing the potassium
cation by sodium, precipitation occurring in more dilute
solutions, in the NaCl/ZnCl: melt.

Diffusion coefficients calculated for the solutions
were as follows: 0.11M Cr?, 3.6 x10°° cm?g™ at
398°C, and 4.1 x10°¢ cmis™ for 0.075M Cr* at
388°C. These values give Stokes radii of around 250 pm,
taking the melt viscosity as 5 mPa.s (45,46). This value

is of the same order as those obtained in the equivalent
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Table 6.20, Voltammeirdc _ Parameters for 0.11M
chromium(II) 4in 40/60 mole p.c. NaCl/ZnCls at 398°C

Scan rate/ Ipe/ Iz AEs/ Ipa/V'2/
mVe- mV mA/ (Vg) e
1000 1.08 252 2.66
500 1.07 245 2.67
200 1.05 205 2.73
100 1.06 199 2.63
50 1.17 168 2.73
20 1.33 168 2.75
5} 1.72 157 2.74
Ep--EM/i/mv En/V
1000 172 1.068
500 164 1.053
200 147 1.041
100 136 1.132
50 136 1.114
20 131 1.104
5 126 1.100

Table 6.21. Voltammetric  Parameters = for  0.075M
chromium(II) in 40/60 mole p.c. NaCl/ZnCls. at 388°C

Scan rate/ Too/ Ipa AFE,/ I/ N2/
mvs™ mV mA/(Vs™)e
1000 1.07 168 1.80
500 1.02 157 1.81
200 1.02 145 1.83
100 0.97 140 1.93
50 0.93 138 1.99
20 0.98 134 2.06
5 0.78 126 2.36
E,.—E,./a/mV E,./V E1/a/v
1000 146 1.131 -
500 138 1.127 -
200 135 1.121 -
100 134 1.118 -
50 130 1.116 -
20 125 1.114 -
5 125 1.109 0.947
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Figure 6.22 Typical cyclic voltammograms for the
oxidation of chromium(II) (0.11M) in 0.40 mole fraction

NaCl-ZnCls at 400°C

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rates: 500 mv-™

\\\\ 200 mvs™

+ 0.32

1.0 mA
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KCl-containing melt.
c) 0.3 mole fraction NacCl.

For a 0.10M solution of chromium(II) in this melt at
405°C, the voltammograms weré essentially reversible,
but with evidence of deposition at 5 mvs-t scan
. rate, in the form of a narrow cathodic stripping peak
(fig. 6.23, table 6.22).

With a more concentrated  solution (0.27M) narrow
cathodic peaké were observed for scan rates at least up to
500 mVs”, and inflections in the anodic peaks up to 200
mvVs—™, as indicated in figure 6.24 and table 6.23. This
compares with the 0.26M solution in the 0.3 mole fraction
KCl melt, where deposition was only evident at the slower
scan rates, at or below 100 mVs™", and only 1in the
cathodic peaks.

Diffusion coefficients calculated for the 0.10M
solution were 3.4 x10-¢ cm?s™ at 405°C, and 5.3
x10-¢ cm*s™ at 446°C. These values are about
twlce as great as the values obtained in the analogous
KCl-containing melt at similar temperatures, and the
corresponding Stokes radii are respectively 199 and 185
Pm. The explanation for the relatively high diffusion
coefficients and low Stokes radii may be similar to that
rostulated for +the 0.081M chromium(II) solution in the
0.21 mole fraction KC1 melt: i.e. lack of strongly
coordinating species.

d) 0.15 mole fraction NaCl.
For a 0.41M chromium(II) solution 1in +this systen,

purely insoluble product behaviour was observed, as might
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Figure 6.23 Typical cyclic voltammograms for the
oxidation of chromium(II) (0.10M) in 0.30 mole fraction

NaCl-ZnCl. at 405°C

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rates: 200 mVs™

0.5 mA
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Table 6.22. Voltammeiric = Parameters for 0.10M
chromium(II) in 30/70 mele p.c. NaCl/ZnCl. at 40%5°C
Scan rate/ Is0/ Ipa AEy/ Ip/ v R/
mVsg- mV mA/(Veg) /2
1000 0.99 164 1.84
500 0.96 161 1.83
200 0.93 155 1.85
100 0.88 143 1.90
50 0.85 140 1.89
20 0.80 127 1.99
5 1.77 110 2.21
Eza— E»/a/mv Eu/v Ei/a/v
1000 162 1.147 -
500 160 1.142 -
200 156 1.132 -
100 145 1.121 -
50 141 1.121 -
20 140 1.121 -
5 140 1.121 1.059

Scan rate/ Ivo/ Ira AEy/ Ina/ 2/
mVs~ mV mA/ (Vs )2
1000 1.07 266 4.77
500 1.02 251 4,86
200 1.02 251 5.47
100 0.97 233 6.14
50 0.93 210 6.76
20 0.98 200 6.78
S 0.78 195 7.81
Epa—Epes2/mV EM/V
1000 148 1.244
500 154 1.244
200 146 1.244
100 115 1.203
50 92 1.157
20 84 1.136

5 65 1.095
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Figure 6,24, Typical cyclic voltammograms for the
oxidation of chromium(II) (0.27M) in 0.30 mole fraction
Na.Cl-ZnCl. at 400°C

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rates: 200 mVs™

100 mVs™

50 mVs™

— = 20 mvs-

S5 mVs™

+ 1.80 vV /

1

¥ + o.42 V

2 mA
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be predicted for a relatively concentrated solution in .

this acidic melt (fig. 6:25, table 6.24).
6.2.3 Summary of voltammetric results

The voltammetric evidence suggests that results for
sufficiently dilute solutions of chromium(II) conform to
the mechanism of a one-electron reversible (or possibly
quasi-reversible) oxidation to soluble chromium(III), no
other oxidation state beling accessible within the redox
limits of the solvent (i.e. chloride oxidation or =zinc
deposition). By increasing the concentration, increasing
tne melt acidity, or by lowering the tempera.ture,
voltammograms dilagnostic of insoluble product formation
could be obtained. For certain values of these parameters,
and by varying the scan rate, voltammograms showing a
transition from soluble product formation to product
deposition resulted, evidently the form being influenced
by the kinetics of the deposition process.

Replacement of the potassium cation by the more acidic
sodium cation, other factors being equal, appeared to
increase the tendency towards precipitation. These results
obviously suggest that an acid-base equilibria is involved
in the deposition process. It will be demonstrated below
that the deposition product wa.s essentially pure
chromium(III) chloride, and evidently this substance is in
equilibrium with a complex, formed by reaction with
chloride ions. Any factor tending to reduce the chloride
ion activity would thus tend to cause precipitation.

There was -no hard evidence +that would support the

existance of chemical reactions coupled to the electron
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Figure 6.2%. Typical cyclic voltammograms for the
oxidation of chromium(II) (0.41M) in ©0.15 mole fraction
NaCl-ZnCl. at 400°C

Scan rates: 1000 mVs™

500 mVs™

200 mVs™

—
t

+ 1.60 V

Working electrode: vitreous carbon
Reference electrode: zinc
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transfer in these melts, effects such as increasing peak
separation and peak widths with increasing scan rate were
best attributed to uncompensated solution resistance due
to relatively 1low melt conductivities, while 1low bpeak
current ratios at low scan rates appeared to he due to
convection effects.

The voltammetric results 1in the present work may be
compared to +those of other workers. Topol et al (68)
studied the Pt/CrCil.,CrCl; system 1in 0.6/0.2/0.2 mole
fraction ZnCl./NaCl/KCl melt at temperatures up to
320°C. They concluded +that the solubility of CrCl,; was
less than 0.1M, but the redox couple was reversible with
an equilibrium potential of +0.959 V w.r.t. zinc at
320°C. This value is similar to the half-wave potential
obtained in the present work, 1.e. about 1.04 V in
relatively basic melts at 400°C, the peak potential
then being about 1.10 V, which is similar to the wvalue
found by Matsunaga and Hosokawa (62) in the NaCl/ZnCl.
eutectic at 400°C, 1.14 V. The 1latter authors also
reported the couple to be reversible.

Topol et al (68) further claimed that chromium(II)
could be reduced to metal at +0.1 V w.r.t. =zinc, in
contrast to the present work.

The latter authors also found that chromium(II) could
be oxildised to an insoluble species 1in the acidic
0.61/0.39 mole fraction Al1lCl;/NaCl melt at 208°C, in
which chromium(III) chloride is insoluble. However, two
sharp stripping peaks were observed, the nature of the

processes involved being obscure. In the basic 0.498/0.502
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mole fraction AlCl;-NaCl melt at 175°C, chromium(III)
chloride is soluble, and the couple 1is reversible (104).
The deposition of other metal chlorides has been

observed, for example in the case of soluble ZrCls to
insoluble ZrCl, in basic AlCl;-NacCl (105); the
deposition ;nd stripping peaks somewhat resemble those
obtaned for chromium in the present work. Further, Gilbert
et al (103) have investigated the oxidation of
ytterbium(II) in AlC1l;-NacCl. As the melt acidity
decreased, the precipitation of YDbCl; could be observed
as an inflection occuring at progressively lower points on
the oxidation wave. The change may be expressed as:

Yb* (uncomplexed, soluble) +Cl- _ YbCls;(insoluble)
However +the analogous change 1n the present work can
Probably be expressed as:

CrCls(insoluble) +Cl- —> Cr*(complexed, soluble)

6.2.4 Effect of melt acidity on veak potential

Since the chromium(II)/chromium(III) redox couple

appears to be uncomplicated by coupled chemical reactions,
the peak potentials should be influenced by the melt
acidity in a straightforward way. The half-reaction for
the Cr* oxidation is:

CrCl. + C1- ——> CrCl, + e (6.10)
and the potential for this reaction is related to the zinc
deposition potential, the relevant half-reaction being:
ZnCl: + 2e- —> Zn + 2C1- (6.11)
Combining the half-reactions and applying the Nernst

equation yields:
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E E° -~ RT/F 1n{(CrCl,;)/(CrCla)]

+RT/2F 1n(ZnCl.) (6.12)
Now the second term on the right-hand side can be split
into two terms involving activity céefficients and
concentratiohs ‘ respectively. If any point on the
reversible (soluble product) Qoltammetric wave 1s taken,
then  the concentration ratio of chromium(III) to
chromium(III) is fixed and may be incorporated into the
E° term. Thus eqn. 6.12 may be re-written as:

E = E° - RT/F 1n[(¥CrCl,)/(¥CrCla)]

+RT/2F 1n(2ZnCla) (6.13)
The activity coefficient ratio may remain approximatdy
constant with melt acidity., and if so, a plot of peak
potential versus 1n (ZnCl.) should be 1linear with a
slope of RT/2F (+29 mV at 400°C).

Figure 6.26 shows such a plot for the KC1l/ZnCl.
system. Though the points are fairly scattered, the least
squares fit produced a line with a slope of +28 mv, in
agreement with the +theoretical analysis. Errors 1in the
measured peak potential, activity values, and variation in
the actilvity coefficient ratio may account for the
scatter. The results for NaCl/ZnCl. give a higher
gradient, +56 mV, but only three compositions were
considered (fig. 6.26).

6.3 Characterisation of the anodic oxidation product
6.3.1 Isolation of the product

Having obtained from the voltammograms evidence of a

reaction involving deposition, 1t was natural to attempt

to characterise the product. Anodic oxidation of the
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Figure 6.26, Variation of +the reversible voltammetric
peak potential for chromium(II) oxidation with melt
acldity in alkali chloride-zinc chloride systems

1.2 1
mole fractions:
1.15 1 0.21 KC1l
+
peak
potential 0.36 KCc1 + 0.30 KC1
v
/ 0.30
NaCl
1.1 4 0.50 KC1 ¢
- 0.40 NacCl
I/,
1.05 A
0.54 NaCl
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in(activity ZnCl.)
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chromium(II) solutions in KC1/ZnCle melts was thus
carried out potentiostatically with large area (several
cm®) platinum or vitreous carbon electrodes.

In the relatively basic melts, or where the
voltammograms indicated a soluble product, then violet or
black solutions were obtained, but no solid material. 1In
contrast, for a solution where the voltammogram was
indicative of deposition, a violet-red product could be
obtained. For example, 1in a 0.27 mole fraction KCl melt
with 0.5M chromium(II) at 400°C, and the potential held
at about 300 mV anodic of the voltammetric peak, overnight
electrolysis produced a deposit of about 50 microns
thickness.

In order to examine the deposit, 1t was necessary to
raise the electrode from the melt, cool, transfer the cell
to the drybox, remove the electrode, and then dissolve the
frozen layer of melt from +the electrode by wusing a
suitable solvent such as water, ethoxyethane, or
propanone. However, a great variation in the reactivity of
the deposit was noticed, some preparations reacting
readily with water to form a green solid, while others
appeared stable, retaining the violet-red colour.
Decomposition also occurred in ethoxyethane, but
apparently not rapidly in propanone, so that this was the
preferred solvent, the melt dissolving gquite rapidly. Once
washed with fresh solvent, the deposit was stable to water
and air indefinitely. The varying reactivity is probably a
consequence of the fact that anhydrous chromium(III)

chloride 1s thermodynamically unstable to water, but
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kinetically inert, unless traces of chromium(II) are
present as catalyét (106). Thus the deposit may be
attacked by soluble chromium(II) in the melt layer which
dissolves 1into the solvent. Once +this 1is removed, the
deposit 1s stable.

The initial variation in reactivity may be a
consequence of the fact that varying amounts of
chromium(II) may be present in the melt layer adjacent to
the electrode, according to how depleted the 1layer is
after electrolysis.

It was incidentally discovered that application of an
A.C. voltage (£1V) to a platinum flag electrode at a
frequency of 1000 Hz produced a relatively thick deposit
as compared with the D.C. method above.

6.3.2 Morvhology of the elecirode deposit

The violet layer produced by the constant potential
electrolysis could be easily detached 1in fragments for
examination. The topr surface under the optical microscope
appeared to consist of flat plates aligned parallel to the
surface of the electrode (fig. 6.27 2a)), but under the
electron microscope, in back-scattered mode, the surface
can be clearly seen to consist of thin plates with the
crystal edges orientated vertically with respect to the
electrode (fig. 6.27 b)). This observation was confirmed
by optical examination of +the edge of the layer, which
showed the vertical growth of the plates, as in figure
6.27 ¢). Furthermore, the deposit was easlily disintegrated
by subjecting a fragment in propanone to an ultrasonic

bath for a few minutes, when the individual platelets
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Optical micrograph x88 Surface of deposit.
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Electron micrograph

b)



203

Figure 6.27., continued.

c) Optical micrograph x256 Edge of deposit

d)  Optical micrograph x256

Platelets after ultrasonic dispersion in acetone
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could now be seen optically, after allowing the dispersion
to dry on a glass slide. The platelets were mostly
irregularly shaped, though occasionally perfect hexagons
were observed (fig. 6.27 d4)). No other crystal phases were
observed.

All these observations are consistant with the known
crystal structure of chromium(III) chloride, which has a
pseudo-hexagonal symmetry (107). This has been described
as having "honeycomb'" sheets of chromium ions separated by
two layers of close-packed chloride ions, held together
only by Van der Waals forces (fig. 6.28). As a result, the
crystals cleave readily i1n a direction parallel +to the
chloride layers, and always form as thin plates.

the vertical growth of +the c¢rystal plates from the
electrode surface would thus seem to be a consequence of
the fact that the crystal edge must be the fastest growing
face of the crystal, and of the constraints imposed upon
available directions of growth.

There appeared to be no significant differences in
morphology with crystals formed from solutions of varying
concentration, temperature, etc.

6.3.3 Analysis of the devosit
a) X-ray powder diffraction.

The diffraction pattern of +the electrode deposit
corresponded closely with the reported patterns of
chromium(III) chloride (75, reflections apparently
corresponding to both monoclinic and hexagonal forms being
obtained. However, it has been reported that the

room-temperature form of the chloride has only monoclinic
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CrCls octahedra

Layer structure of chromium(III) chloride

(from Gmelin, Cr Tl. B, p.207)
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symmetry (107).

Reflections due +to metallic platinum were also found
for deposits produced on this substrate (table 6.25),
indicating corrosion of the electrode.

b) X-ray emission analysis.

Fragments of the electrode deposit from several
vitreous carbon electrodes were analysed in the electron
microscope by the X-ray emission spectrum. The results of
examining about 15 areas on the top surface of each sample
indicated an average molar ratio of 2.90x0.25:1 Cl:Cr. The
possible chlorine deficiency may result from the presence
of oxygen (not detectable) or from the presence of
chromium(II). The amounts of zinc and potassium detected
were negligable, generally less than 0.002 mole fraction.
c) Chemical analysis.

Analysis of typical samples of +the electrode deposit
for chromium by a standard +technique gave a content of
31.2+x0.2 per cent. The figure calculated for CrCl,, 32.8
per cent. It was not possible to obtain an accurate
chlorine analysis because only small quantities of sample
could be produced.

d) ESCA analysis.

In an attempt to determine whether chromium(II) or
other ions had been incorporated into the structure of the
chromium(III) chloride electrode deposit, ESCA wa.s
employed. This technique measures the kinetic energy (E)
of electrons ejected from matter (under high vacuum) after
bombardment with X-rays (or other ionising radiation). The

binding energies (Ez = hv-E , where v is +the frequency
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Tabhle 6.25. X-ray powder diffraction - data for
chromium(III) chloride electrode deposit (after
detachment)
Electrode material: platinum
Product 'd' spacings CxCl Pt
Monoclinic Hexagonal
1.11 (3) 1.1t (10)
1.13 (3) 1.13 (12)
1.18 (10) 1.18 (33)
1.39 (10) 1.40 (1) 1.41 (10)
1.45 (8) 1.45 (6) 1.45 (10)
1.65 (4) 1.65 (1) 1.65 (20)
1.72 (10) 1.72 (3) 1.72 (80)
1.75 (4) 1.75 (3) 1.75 (10)
1.91 (3) 1.93 (1) -
1.96 (28) 1.96 (53)
2.26 (60) 2.27 (100)
2.46 (22) 2.46 (6) 2.46 (100)
2.81 (4) - 2.82 (20)
2.89 (22) 2.90 (14) -
2.92 (7) 2.94 (2) 2.93 (30)
5.79 (100) 5.80 (100) 5.80 (80)
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of the ionising radiation) of the electrons from a
particular element are characteristic of +the orbital,
oxidation state and chemical environment of the atom. The
latter two effects are small compared with the first.
Because of the low electron energy, only the surface layer
of a sample (< 50 angstroms depth) can be examined.
Secondary electrons emitted by the Auger process are
generally also recorded.

Three samples were studied:

i) detached fragments of an electrode deposit (0.5M Cr=
in 0.27 mole fraction KCl1/ZnCl. at 400°C, washed with
propanone).

1i) a commercial sample of chromium(III) chloride.

iii) a 50:50 weight per cent mixture of CrCl: and
CrCl; prepared by grinding the commercial samples in the
drybox, and stored under dry argon.

A low resolution plot of electron count versus binding
energy applicable to all three samples is shown 1in figure
6.29, The majority of peaks were readily assigned to
chromium 3p, 3s, 2p, and 2s orbitals, and to chlorine 2p
and 2s orbitals., using tabulated values of binding energy
(76). The peak at 540 eV was assigned to oxygen 1s, and
its intensity relative to Cr 2p increased in the order:
Cr(II)/Cr(IIl) mixture > electrode deposit > commercial
CrCl;, the peak height ratio being 1.0:0.19:0.08. The
order was not unexpected, since some momentary exposure of
the sample to air in the port of the spectrometer may have
taken place before applying the high vacuum. Thus some

hydrolysis of the CrCl: may have occurred. The electrode



Figure 6.29, X-ray photoelectron spectrum of
chromium(III) chloride samples (wide scan)

Exciting radiation: Al KX

Cr 2p
5 /e 1/2
" Cr 2s
[ 7
O Lan S
. MMMIM
No. of L C; ?p_
counts L
[
(arbitrary Cl 2s
units) -
[ %0 18
- Cr 3p N o
_ . C 18 ]
L 38 . |
b~ 4 pu
DS ]
Al 1
il | L 1 i1 ol ! N IS S | ot | N B A ! 1 TN | ) .
0,00 150,00 300,00 150,00 £00.00 750.00 900.00 1050.00 1200,00 1350,00 1500.00

Binding energy/eV

602



210

deposit also could have suffered some surface attack
during the washing bprocess, +thus resulting 1in oxygen
contamination.

The prominent Cr 2p and Cl 2p Dpeaks were examined with
higher resolution, and compared between samples. Little
difference was found between the Cl 2p peaks, but the Cr
2p peaks showed shoulders on the low binding energy side,
in the case of the electrode deposit and the mixed
Cr(II)/Cr(III) sample (fig. 6.30). Thus after computer
deconvolution of the Cr 2p 3/2 peak for the electrode
deposit, a minor peak at 575.7 eV was obtained (normalised
to C 1s at 285.0 eV) of area 0.116 of the main Cr 2p 3/2
peak at 577.2(x0.02) eV. The binding energy shift (-1.5
eV) 1is consistant with the presence of chromium(II), a
similar shift being observed between CrF, and CrFa,
and for reduction of Cr(iII) to Cr(II) in zeolites (109).
However, the peak could also be due to oxygen
coordination, since the Cr 2p 3/2 ©peak for Cr.0;
occurs at 576.2 eV, and for NaCr™0. at 576.0 eV
(109). (The Cr 2p 3/2 peak is also split due to the effect
of unpaired d electrons, the so-called “multiplet"
splitting). Thus, as regards the presence of chromium(II),
the ESCA analysis must be regarded as inconclusive.

No +trace of zinc or potassium was detected in the

electrode deposit.
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6.4 A.C. Impedance measurements

In order to assess the mechanism of conduction and
growth of the chromium(III) chloride deposit, the response
of the system to an A.C. s8ignal was examined. Thus +the
A.C. impedance of the cell between the working and
reference electrodes was determined at various stages
during the deposition, over the fregquency range 13 MHz +to
5 Hz (amplitude #10 mV). A vitreous carbon electrode with
a "U"-bend at the working end was conveniently employed to
prevent mechanical detachment of the layer during growth.
Measurements were +taken of the uncoated electrode, and
after constant potential electrolysis, the applied
protential being removed, and the concentration gradients
allowed to equilibrate.

The presence of the chromium(III) chloride layer on the
electrode after an experiment was confirmed by visual
inspection.

Typical results are shown 1in figure 6.31 for O0.5M
chromium(II) in 0.15 mole fraction KC1/ZnCl. at 400°,
where the complex 1impedance component -Z'' 1s plotted
against the 1real component 2Z', as is conventional.
Several points may be noted. Firstly, at frequencies
higher +than about 50 kHz, the plots all drop below the
-Z'""  axis, indicating inductive effects, and exhibit
rather complicated behaviour. These high frequency effects
were probably a result of the circuit geometry rather than
being a property of the electrode process (110). 1In
confirmation, it can be seen that as the electrolysis time

increases, and the +thicknegss of the CrCl, layer grows,
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Figure 6.31. Complex prlane impedance plots for
chromium(III) deposited on vitreous carbon from O0.5M
chromium(II) in a 0.25 mole fraction KCl-ZnCl. melt at
400°C
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the prlots are simply shifted along the real axis, without
ma.jor changes occurring in +the imaginary (capacitive)
component.

Also, if the real (resistive) component i1is plotted
against the number of coulombs passed, a good straight
line results (fig. 6.32). This implies that the
resistance increases uniformly as the deposit grows, a
conclusion which is reasonable when the anisotropic
morphology of the deposit is considered. Thus +the plates
of chromium(III) chloride grow vertically from the
electrode, and the increase in resistance may be supposed
to be due only to the increase in length of the plates,
assuming that the accessible surface area of the deposit
will not increase significantly, due to the tightly packed
nature of the plates. Additionally, the conductivity in a
direction perrendicular to +the sheet structure is most
likely very 1low, a consequence of the weak interactions
between sheets.

A further feature of figure 6.31 is that the 1lower
frequency part of the complex impedance plots (w < 5 kHz)
exhibits a 1linear relationship between -Z'° and 2Z',
with a slope of about 45°., Again, as the deposition
time increases, +the plots simply shift along the real
axls. The 1linear relationship 1s characteristic of the
Warburg impedance., due to a fast diffusion-controlled
electrochemical process (77). If a significant kinetic
barrier to electron transfer was present (for example, due
to 1lonic and not electronic conduction through the

electrode deposit), then at relatively high frequencies a
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Figure 6.,32. Plot of real impedance component at 20kH=z
versus number of coulombs passed during deposition of
chromium(III) chloride from a 0.5M chromium(II) solution
in 0.2%5 mole fraction KC1-ZnCl. melt at 400°
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capacitive semi-circle would be found (77), with -2Z"
tending to zero as the frequency tended to infinity. There
was no indication of this in the present work, and it may
therefore bhe concluded that the presence of the deposit
does not hinder the electron transfer (apart from
introducing Ohmic resistance), suggesting that electronic
conductivity occurs 1in the layer. Alternatively, it might
be supposed +that electron transfer takes place at the
electrode surface with material which diffuses between the
gaps in the chromium(III) chloride plates. This seens
unlikely, due to the close-packed nature of the plates and
the linear relationship between resistance and deposition
time.

A possible mechanism for electronic conductivity in the
layer 1s "electron hopping'" between chromium d1ions via
Cr* ions incorporated into the structure during
deposition, 1leading to semi-conductor type properties,
l1.e. an increase in conductivity with temperature.

6.5 Qverall conclusions and Further work

The electrochemical oxidation of chromium(II) in alkali
chloride-zinc chloride melts yields chromium(III), which,
depending on Lewis acidity conditions, bprecipitates as
chromium(III) chloride on the electrode, with a
characteristic morphology. It 1is thus concluded that an
acid-base solubility equilibrium exists for chromium(III)
chloride in these melts, the solubility being enhanced in
more basic melts, or by raising the <temperature. The
substitution of the relatively acidic sodium cation for

potassium leads to a significant reduction in solubility.
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The system might therefore be used to test the activity
coefficient predictions of +the "Coordination Cluster"
theory (8) (see also chapter one), as a significant change
in activity coefficient of chrpmium(III) evidently occurs
with melt acidity.

Cyclic voltammetry indicates that +the deposition and
stripping process are not completely reversible, but A.C.
impedance measurements show +that the deposit does not
passivate the electrode, and only moderate increases in
resistance were observed with increasing layer thickness,
linearly related to the charge passed, suggesting uniform
growth. These latter results also i1indicate that the
deposit is an electronic conductor.

The relative reversibility of the deposition reaction
suggests that a high-temperature secondary battery could
be constructed around a solution of chromium(II) in a =zinc
chloride-based melt, the charging reactions being:
anode: 2Cr* ——> 2CrCl; + 2e- (6.14)
cathode: Zn* + 2e- —> Zn (6.15)
and the discharge reactions being the reverse of
those above. To develop such a battery, the electrolyte
composition would require optimisation for maximum
conductivity (1.e. relatively high alkali chloride
content), while ensuring that the chromium(III) chloride
solubllity remained sufficiently low. Further studies +to
assess the conductivity mechanism and enhance the
conductivity of +the chromium(III) chloride deposit would

also be desirable.
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CHAPTER SEVEN
CYCLIC VOLTAMMETRY OF GALLIUM COMPOUNDS IN
ZINC CHLORIDE-ALKALI CHLORIDE MELTS
7.1 BErocedure and general observations

Solutions of gallium(III) chloride were prepared by
mixing the solid substance with the melt components in the
drybox, and transferring the sealed electrochemical cell
to the furnace, where an argon flow was initiated, and the
cell heated to the required +temperature. The solutions
were colourless, and the chloride appeared to be readily
soluble in both acidic and basic melts. Despite the fact
that GaCl; has a low ©boiling ©point (below 300°C),
there was no evidence of volatilisation of the compound
from the melts, and subsequent decomposition, as was found
for Ti(IV) (chapter 8), in the form of a thin film of
oxide on the cell walls.

The voltammetric results for the gallium(III) solution
will now be considered. In this case, it is convenient to
start from the acid end, for ease of interpretation.

7.2 Cyclic voltammetry of «allium(ITI) solutions-—
Results and Discussion

7.2.1 Potassium chloride-zinc chloride melts

a) Pure zinc chloride.

In this solvent at 400°C, only one wave was observed,
for gallium(III) reduction (fig. T7.1). The voltammetric
parameters for an 0.09M solution are given in table T7.1.
It may be observed that peak broadening and an increase in
peak separation occur with increasing scan rate, probably

due to melt resistance effects, but at low scan rates, the
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Figure 7.1. Typical c¢yclic voltammograms for the
reduction of gallium(III) (0.09M) in pure zinc chloride
at 400°C

Working electrode: vitreous carbon
Reference electrode: zinc

—
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Table T7.1. Voltammetric  Parameters for 0.09M
£3l114um(III) in pure zinc chloride at 400°C
Scan rate/ Ia/Ipe AE,/ Ipe/ N2/
mvs- mv mA/ (Vs™)2
1000 0.94 202 0.53
500 0.95 179 0.53
200 0.95 . 133 0.55
100 0.92 113 0.59
50 0.95 104 0.63
20 0.89 85 0.64
5 0.82 60 0.70
Epo—Eposa/mV En/V Eve/V
1000 84 0.191 -
500 82 0.216 -
200 82 0.244 -
100 80 0.249 -
50 80 0.254 -
20 5 0.261 -
5 70 0.267 0.205%

Table 7.2, Voltammetric = Parameters for = 0O,07M
£allium(ITT) in 13/87 mole p.c. KC1/ZnCle: at 40Q°C

Scan rate/ Ipa/Ise AE,/ Ine/ N2/
mVs™ mv mA/ (Vs)V2
1000 0.97 141 2.17
500 0.98 134 2.21
200 0.96 110 2.28
100 0.95 102 2.36
50 0.96 90 2.28
20 0.91 5 2.28
5 0.79 T1 2.16
Epe—Eposa/mV Ew/V Ev/V
1000 87 0.234 -
500 90 0.239 -
200 84 0.250 -
100 80 0.260 -
50 80 0.265 -
20 5 0.268 -

5 75 0.268 0.206
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experimental values are close to those calculated for a
reversible +two-electron transfer dinvolving a soluble
product. Thus the calculated peak separation and half-peak
width are respectively 67 mV and 64 mV at 400°C, values
of 60 mV and 70 mV being found experimentally for the 5
mVs—? scan rate. The peak current ratio values are
reasonably constant at around 0.95 (v > 50 mVs™) but
decrease at lower scan rates, probably due to convection,
as noted for chromium(II) in chapter 6. A plot of i,
versus v'2* 1s 1likewise 1linear, passing through the
origin, except at lower scan rates (fig. T7.2).

The above results imply a (quasi-) reversible reaction
to form a stable gallium(I) species, which is consistant
with the chemistry of group ITI elements, though
gallium(I) is unstable in all but very acidic solvents,
disproportionating to gallium metal and gallium(III):

3Ga* & Ga> + 2Ga° (7-1)
Hitherto only a few well-characterised gallium(I)
compounds have been prepared, since the oxidation state
has virtwally no aqueous chemistry (111), but may be
stabllised in acidic chloroaluminate melts, as is shown by
the existence of the compound GaAlCl,. In
Al1C1l;/NaCl/KCl eutectic, for example, both Ga(I) and
Ga(III) show reversible reactions, and the difference
between the Ga(III)/Ga(I) and Ga(I)/Ga(0) equilibrium
rotentials is 0.544 V, giving K for disproportionation as
5 x10"* (eqn. 7.1). In comparison, +this value in water
is calculated as 3 x10°? (112,113). The analogous

compound Ga*Gar*Cl., is one of the best-known
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Figure 7.2. Plot of peak current against square root of
scan rate for the reduction of gallium(III) (0.09M) din
pure zinc chloride at 400°C
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examples of gallium(I), and is prepared by interaction of
gallium metal and the Lewis acid gallium(III) chloride,
the latter substance having an acid-base chemistry similar
to that of aluminium chloride (114,115).

Hence 1in the present work +the acidic 2zinc chloride
appears to stabilise the gallium(I) oxidation state in a
similar fashion.

b) 0.13 mole fraction KC1.

The voltammetric results for this system at 400°C
were qualitatively similar to those obtained for the pure
zinc chloride (above). The results are presented in table
7.2, and figure 7.3 for an 0.07M solution.

c) 0.35 mole fraction KC1.

Rather more reversible behaviour was suggested by the
voltammetric results for this composition, in the sense
that no shift in peak potentials, increased peak
separation, or reak broadening was observed with
increasing scan rate, up to 1 Vs (table 7.3). This may
simply be due to the reduced melt resistance. Otherwise
the remarks made for the pure zinc chloride composition
apply equally well here, though in fact the reak
separation and half-peak widths are slightly broader, but
still well below the values calculated for a one-electron
reduction.

d) 0.4 mole fraction KC1.

A definate change in behaviour was found at +this
composition. At relatively low scan rates, < 100 mVs™,
the voltammograms tended to retrace their forward paths on

the reverse sweep, leading to low values of the peak
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Figure 7.3, Typical cyclic voltammograms for the '
reduction of gallium(III) (0.07M) in 0.13 mole fraction
KCl-ZnCl:. at 400°C ‘

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rates: 200 mvs™

0.5 mA

1000 mvVs™
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ITable T.3. Voltammetric Parametergs  for O,032M
2allium(IIT) in 35/6% mole b.c. KC1/ZnCls at 400°C
Scan rate/ I/ I AE,/ I/ o'/
mVs™ mv mA/ (Vs™)V
1000 1.01 91 2.40
500 1.01 " 2.34
200 0.96 " 2.38
100 0.98 " 2.47
50 1.00 " 2.47
20 0.98 " 2.57
5 0.70 " 2.86
Epe—Eposa/mV Ep/V Eve/V
1000 80 0.241 0.179
500 " " _
200 " 1" -
100 " " _
50 " " -
20 " " _
5 “" " "

Scan rate/ Ipa/ Ise AEs/ Iso/Vv'"2/
mVs- mvV mA/ (Vs—)'=
1000 0.71 90a 2.47
500 0.70 90 2.51
200 0.64 90 2.80
100 0.62 - 2.92
50 0.60 - 3.14
20 0.61 - 3.57
Epo~Epesa/mV Ep/V
1000 60a 0.170a
500 90 "
200 100 "
100 - "
50 _ "
20 - "

a. Values in these columns are somewhat uncertain due to
distortion of the voltammetric wave.
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current ratio as compared with the reversible case (table
7.-4,fig. 7.4). Also, if the potential was held constant at
a point part-way up the wave, then an apprecilable
steady-state cathodic current was observed, which did not
decay to near-zero, and thus was not diffusion-controlled.
It was clear from these results that a chemical reaction
is coupled +to the electron transfer, which acts to
regenerate 2211ium(III) from gallium(I). Thus the
steady-state current noted above occurs because the rate
of reduction of gallium(III) (diffusion-controlled) is
exactly balanced by the rate of production of gallium(III)
(controlled by chemical kinetics).

The chemical reaction in question is almost certainly
the disproportionation of gallium(I), brought about by the
increase in chloride ion concentration in the melt. Now
the Ga* ion has been reported to have the same
charge/radius ratio as K* (114) and may therefore be
considered as non-complexing; on the other hand,
gallium(III) forms the stable complex 1ions, GaCls and
GaaCly, for example the former ion in basic
chloroaluminate melts (115).

In the basic chlorozincate solvents, the overall
disproportionation might therefore better be written as:

3Ga* + 4Cl- —-> GaClsy + 2Ga° (7.2)

At the potentials of the voltammetric wave however, Ga°
can be reoxidised and so the net chemical reaction 1is a
regeneration of gallium(III), leading +to +the observed

behaviour.
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Figure 7.4. Typical cyclic voltammograms for the
reduction of gallium(III) (0.06M) in 0.40 mole fraction

KC1-ZnCle a2t 400°C

Working electrode: vitreous carbon
Reference electrode: platinum wire (potentials estimated
relative to onset of zinc deposition)

+ 0.68 vV
Scan rates:
20 mvVs™
50 nmvs~

1.0 mA

500 mVs™
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In the KC1l/ZnCl. melt, the voltammetric behaviour was
complicated by the proximity of the zinc deposition wave,
and the phenomenon was more readily observed in the sodium
chloride-based melts (see below).

e) 0.5 mole fraction KCl.

In this melt the gallium(III) reduction wave appeared
to have shifted so far cathodic that the wave was only
apparent as an inflection on the zinc(II) reduction wave
(fig. 7.5). Consequently no voltammetric parameters can be
deduced for +this composition. On sufficlently cathodic
scans a single peak due to 2zinc stripping was observed
(since the peak height was dependant on the switching
potential,i.e. on the gquantity of zinc deposited).

f) 0.6 mole fraction KCl.

The remarks applied to the 0.5 mole fraction KCl melt
above hold for this composition, with the exception that
up to three peaks were observed on the reverse scan, the
number and relative peak heights depending in a complex
fashion on switching potential and scan rate (fig. T7.6).
This phenomenon sSeemed to be a consequence of the
codeposition of zinc and gallium metal, since zinc/gallium
alloys were found to be produced on bulk electrolysis at
these potentials. The three anodic peaks therefore
Probably represent the oxidation of zinc metal, gallium
metal, and a =zinc/gallium intermetallic compound. Again
this effect was more easily analysed in the NaCl/ZnCl,.
melts, as for the disproportionation.

T.2.2 Sodium chloride-zinc chloride melts

The behaviour of gallium(III) chloride in these melts
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Filgure 7.9. Typical cyclic voltammogram for the
reduction of gallium(III) (0.06M) in 0.50 mole fraction
KC1l-ZnCla. at 400°C
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Figure 7.6. Typical cyclic voltammogram for the
reduction of gallium(III) (0.06M) in 0.60 mole fraction
KC1l-ZnCle at 400°C

Working electrode: vitreous carbon

Reference electrode: platinum wire (potential estimated
relative to onset of zinc deposition)

Scan rate: 200 mVs™

[y e =

- 0.20 V

j

+ 0.93 V

———
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was studied in the 0.4-0.6 mole fraction NaCl composition
range. Since for a given composition, this system is more
acidic relative +to +the KCl-containing melt, it was
expected +that some evidence of +this would be found
voltammetrically in the supression of +the gallium(I)
disproportionation.

a) 0.4 mole fraction NacCl.

At this composition, the voltammograms showed 1little
obvious evidence of disproportionation (£fig.7.7): however,
the peak current ratio values given 1in table 7.5 for a
0.13M solution are significantly less than one, and also a
cathodic shift with increasing scan rate could be seen for
the cathodic peak, while the anodic peak showed 1initially
an anodic shift, but then shifted cathodically at higher
v. These results may be compared with those obtained in
the corresponding KCl-containing melt, where clear
evidence of disproportionation was apparent at lower scan
rates, and at a lower concentration of gallium(I), which
would tend to supress the rate of disproportionation.

b) 0.5 mole fraction NaCl.

In this melt, and a 0.11M gallium(III) concentration,
the sigmoidal shape of the voltammograms at s8scan rates
less than 50 mVs™® can be clearly seen (fig. 7.8, table
7.6 ). The melt basicity i1s evidently now sufficient to
cause disproportionation, and the voltammograms resemble
those obtained with an 0.4 mole fraction melt. This may be
quantified by noting that the 2zinc chloride activity in
the sodium chloride mixture is 0.27, comparable with 0.32

for the potassium chloride mixture (chapter 4).
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Figure 1.7, Typical cyclic
reduction of gallium(IIIX)
NaCl-ZnClas at 400°C

voltammograms for the
(0.13M) in 0.40 mole fraction

Working electrode: vitreous carbon

Reference electrode: platinum wire (potentials estimated
relative to onset of zinc deposition)

-

+ 0.86 Vv

Scan rates: 5 mVs™

50 mVs™

100 mVs™

200 mvs™

500 mvs-

1000 mVs™
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Scan rate/ Tsa/Ipe AE,/ Ipe/ 2/
nves™ mV mA/(Vg-) /=
1000 0.92 165 5.81
500 0.92 147 6.10
200 0.92 136 6.43
100 0.90 118 6.72
50 0.91 103 6.70
5 0.59 83 7 .51
Epo—Eposa/mV Es/V
1000 94 0.14T7
500 93 0.165
200 94 0.195
100 83 0.195
50 81 0.200
5 71 0.209

ITable 7.6, Voltammetric = Parameters for 0.11M
2£al11ium(ITI) in S0/5Q mole p.c. NaCl/ZnCl: at 405°C

Scan rate/ Ipa/Ise AE,/ Ioo/v'2/
mVs™ mv mA/(Vs)2
500 0.91 143 4.35
200 0.85 121 4.86
100 0.80 118 5.29

50 0.75 115 5.52
20 0.74 139 6.41
5 0.75 a 10.16
EM—E”/a/mV E,,/V
500 113 0.133
200 85 0.147
100 83 0.153
50 84 0.159
20 95 0.153
5 a a

a. These values are uncertain due to sigmoidal shape of
voltammogram.
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Figure 7.8. Typical cyclic voltammograms for the
reduction of gallium(III) (0.11M) in 0.50 mole fraction
NaCl-ZnCl. at 400°C

Working electrode: vitreous carbon

Reference electrode: platinum wire (potentials estimated
relative to onset of zinc deposition)

+ 0.74 V 0.01

Scan rates:

50 mVs™

100 mvVs™

0.5 mA
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c) 0.6 mole fraction NaCl.

At this composition” (but not for 0.55 mole fraction
NaCl) the voltammograms began to show additional waves if
the sweep was sufficiently cathodic so as to include the
zinc deposition wave (fig. 7.9). The effect was best
observed at low scan rates, e.g. 20 mvs-, The
2al11ium(III) reduction wave (A 1in fig.7.9) was then
sigmoidal, and no additional waves appeared 1f the
deposition wave was not included (fig. 7.10). However, if
scanning was sufficiently cathodic so that deposition was
Just apparent, then a narrow peak (F) appeared on the
anodic side of the broader wave (E) ascribed to oxidation
of soluble Ga*. For reasons detailed ©below, it ds
believed +that gallium (or a gallium/zinc alloy) is
initially deposited rather than pure metallic zinc. It 1is
then possible that the narrow peak F may represent the
oxidation of adsorbed gallium(I) to soluble
22l1lium(III). A similar phenomenon has been observed for
the oxidation of chromium metal to chromium(II) in
chlorocaluminate melts (104).

Scanning to slightly more cathodic potentials, an
inflection (B) can Jjust be discerned on the main =zinc
deposition wave, and the corresponding stripping wave (C)
is well-defined (fig.7.11). This was Dprobably due to
gallium_metal deposition and stripping.

At yet more cathodic potentials, another stripping peak
(D) was manifested, and the gallium stripping peak C split
into two (fig. 7.9). The peak D was assigned to =zinc

stripping, since the height increased indefinitely as the
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Figure 7.9. Typical c¢yclic voltammogram for the
reduction of gallium(III) (0.06M) in 0.60 mole fraction

NaCl-ZnCla at 400°C

Working electrode: vitreous carbon

Reference electrode: platinum wire (potentials estimated
relative to onset of zinc deposition)

Scan rate: 20 mVs~™

0.5 mA




237

Figure 7.10, Cyclic voltammogram for the reduction of
gallium(III) (0.06M) in 0.60 mole fraction NaCl-ZnCl. at
400°C

Working electrode: vitreous carbon

Reference electrode: platinum wire (potentials estimated
relative to onset of zinc deposition)

Scan rate : 20 mVs™

+ 0.4T7T V

0.5 mA
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Figure 7.11. Cyclic voltammogram for +the reduction of
gallium(III) (0.06M) in 0.60 mole fraction NaCl-ZnCl. at
400°C

Working electrode: vitreous carbon

Reference electrode: platinum wire (potential estimated
relative to onset of zinc deposition)

Scan rate: 20 mvVs™

+ 0.47 V

0.5 mA
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scan was made more cathodic, and more zinc deposited. The
splitting of peak C probably indicates the oxidation of a
zinc/gallium intermetallic compound formed at the
interface between +the two metals, followed by the
oxidation of metallic gallium.

To confirm +that deposition of metallic gallium did
indeed take place, a constant potential electrolysis was
performed, the potential being held about 20 mV cathodic
of the point where deposition started. A 17 per cent
weight Ga-Zn alloy metallic bead was recovered (analysis
by A.A.).

The reduction and re-oxidation of g£allium(III) might
therefore be described by the following sequence:

Cathodic sweep:

Ga’ + 2e- ——> Ga* (7.3)

3Ga* = Ga* + 2Ga (7.4)

Ga* + e —> Ga (7.5)

Ga + Zn —— "GaZn" (intermetallic) (7.6)

Anodic sweep:

"GaZn'" ——> Ga + Zn* (7.7
Ga —> Ga*(adsorbed) + Ga‘(soluble) + e (7.8)
3Ga‘(soluble) = Ga* + 2Ga (7.9
Ga‘(soluble) —> Ga* + 2e- (7.10)
Ga'(adsorbed) ——> Ga’ + 2e- (7.11)

With more concentrated solutions of gallium(III) it was
found that the reduction wave shifted cathodically and was
only observable as an inflection on the 2zinc deposition

wave (fig 7.12).
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Figure 7.12 Typical c¢cyclic voltammogram for the
reduction of gallium(III) (0.12M) in 0.60 mole fraction
NaCl-ZnCls at 400°C

Working electrode: vitreous carbon

Reference electrode: platinum wire (potential estimated
relative to onset of zinc deposition)

Scan rate: 20 mVs™

+ 0.81 V f -
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It is° interesting to note that the voltammetric
behaviour in the acidity region where disproportionation
is postulated to occur shows characteristics of +the

Ycatalytic" mechanism (77.78), that 1is, the reaction

sequence:
O + ne- = R (7.12)
R+ Z ——=> 0O (rate constant ke) (7.13)

For the present purposes, O corresponds to Ga*; R is
Ga'; Z is the species which reacts to regenerate 0, i.e.
free chloride ion. Ean. (7.13) 1is assumed to be first
order with respect to R. Theoretical analysis indicates
that a2 "limiting current" will be obtained at sufficiently
cathodic potentials, regardless of scan rate, and that at
low scan rates, the voltammograms will be sigmoidal, as in
the present work. Thus 1if the net reaction 1is the
regeneration of Ga*, and the rate-determining step is
first order with respect to the latter species, it would
be feasible to calculate pseudo-first order rate constants
for the regeneration, since a simple relation exists
between the "limiting current" and the rate constant.

This type of disproportionation reaction has apparently
not been analysed theoretically for a cyclic voltammetric
experiment, and indeed only one example of such behaviour
attributable to a change 1in melt acidity appears to be
extant. Thus Taoumi (108) reported that indium(1)
decomposed in NaCl/KCl melt at 700°C:

3In(I) = In(III) + 2In . (7.14)
In a NaCl/KCl/ZnCl:. (0.38 mole fraction zinc chloride)

melt at 550°C, however, In(I) was stabilised.
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7.2.3 Lithium chloride-votagsium chloride eutectic

It was of interest +to examine +the voltammetric
reduction of a gallium(III) solution (0.07M) in +this
relatively basic melt, since this particular experiment
does not seem to have been performed. The solution also
contained 0.07M zinc chloride, so +that the reduction
potentials could be directly compared.

The gallium(III) reduction wave was clearly resolvable
into two waves (fig 7.13). The first wave was consistant
with a +two-electron reversible reduction to soluble
gallium(I) (table 7.7), while the second., superimposed on
the descending section of the first, showed a relatively
sharp increase in current, consistant with a deposition
reaction. This wave however shifted cathodically with
increasing scan rate, indicating irreversivility. A sharp
stripping peak was observed on the return sweep, with an
inflection possibly due to intermediate formation of
Ga‘. Clearly the reduction of gallium(III) proceeds in
in two stages via soluble Ga*' to gallium metal.

The reduction of 2zinc(II) began at potentials 0.43 V
more cathodic than the Ga*/Ga* half-wave bpotentials,
which compares with ©0.43 V for +the difference in
equilibrium potentials of Ga*/Ga*° and Zn*/Zn° at
450°C, as tabulated by Plambeck (128). However, the
equilibrium potential for Ga’/Ga’ has not been
measured, since the equilibrium constant for Ga*
disproportionation (eqn. 7.1) can be estimated as 5 x10¢
(128), indicating that a negligable equilibrium

concentration of Ga* would be present in a solution
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Flgure 7.,13. Typical cyclic voltammogram for the
reduction of gallium(IXII) (0.07TM) in lithium
chloride-potassium chloride eutectic at 400°C

Working electrode: vitreous carbon
Ref'erence electrode: platinum wire
Scan rate: 500 mVs™
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Table T.7. Yoltammetric Parameters for 0.07TM
£al1lium(ITII) 4n LIiCl1/KC1l  eutectic at  400°C

a) First reduction wave.

Scan rate/ Epo~Epose/mV I/ 0%/
mVs- mA/ (Vs™) 2

1000 89 1.56

500 89 1.52

200 91 1.50

100 89 1.53

50 89 1.61

20 85 1.77

5 85 2.21

b) Second reduction wave.

1000 - 1.81
500 - 1.86
200 - 1.96
100 - 2.03

50 - 2.10
20 - 2.32
5 - 2.21

Difference in peak potentials/mV

1000 136
500 105
200 92
100 87

50 81
20 76

5 76



245

containing gallium(III) and gallium metal.

It is thus rather surprising in the present work +to
find no voltammetric evidence for disproportionation, as
was found for the more basic zinc chloride-alkali chloride
melts with similar gallium(III) concentrations. Evidently,
for reasons which are not entirely clear, the rate
constant for Ga' disproportionation in the LiC1l/KCl melt
is low enough +to allow +this oxidation state to be
stable under the conditions of the voltammetric
experiment.

7.3 Conclusions and Further work

The voltammetric results clearly show that gallium(III)
may be reduced in a reversible two-electron transfer to
gallium(I), stable 1in relatively acidic melts, but
reacting to regenerate gallium(III) in more basic melts,
most likely via the disproportionation reaction 7.1.

In the present work, substitution of the relatively
acidic sodium cation for potassium appeared to
significantly stabilise the gallium(I) state, and also
increase the separation between the gallium(III) reduction
potential and the cathodic melt 1limit, in melts of
comparable alkali chloride mole fraction. At the 0.6
alkali chloride mole fraction compositions, gallium metal
could be co-deposited with zinc at sufficiently cathodic
potentials, and the form of the stripping wave suggests
the p?oduction of a zinc/gallium intermetallic compound.

Unfortunatly 1in +the present work, +the voltammetric
waves were partially obscured in the more basic melts by

the proximity of the 2zinc deposition wave; though the
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results suggest +that a greater separation could bve
achieved by the use of a mixture containing a relatively
acidic cation such as Li* or cCa*. It might <+then be
possible to analyse the mechanism of Ga*
disproportionation by varying the £allium(III)
concentration and melt acidity, and to calculate rate
constants for the reaction.

Conversely, from the point of view of the '"pyroredox"
process for separating plutonium and gallium (see chapter
one), a highly basic melt (i.e. high proportion of alkali
chloride, large alkalli metal cation) is needed to ensure
that gallium metal is not oxidised into the salt phase
with the plutonium, since +the results‘ described above
indicate that gallium metal 1is thermodynamically unstable
with respect to gallium(I) in contact with the more acidic

melts.
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CHAPTER FIGHT
CYCLIC VOLTAMMETRY OF TITANIUM COMPOUNDS IN
ZINC CHILORIDE-ALKALI CHLORIDE MELTS

8.1 BProcedure and General observations

Solutionsg produced by the reaction of titanium metal or
titanium(III) chloride with the melts were characterised
by cyclic voltammetry. The components were mixed in the
drybox in the electrochemical cell, and the cell
tranferred to the furnace at the appropriate temperature,
as detailed in chapter 3.

The study of the titanium solutions was complicated by
a number of factors; firstly, the reaction product of
titanium metal, shown to be titanium(III) chloride, was
found to have limited solubility in the relatively acidic
melts, a finding also applicable +to the commercial
titanium(III) chloride. Secondly, the melt solutions
appeared to decompose on solidification and/or reheating
as demonstrated by the decrease in voltammetric peak
height of reheated samples. Thirdly, the solutions
produced by reaction of titanium metal were never clear,
but always black and opaque and did not clear on standing,
apparently due to +the formation of a fine suspension.
Fourthly, a white or pale yellow iridescent f£ilm was found
to form on the cell walls above the melt, after a solution
had been contained for several hours. This was believed to
be due to the continuous evolution of volatile titanium
tetrachloride, produced by the disproportionation of
titanium(III) chloride (118), and subsequent reaction +to

form the oxide at the cell walls. In this case, the other
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disproportionation product, involatile titanium(II)
chloride, would presumably have been produced in the melt,
possibly accounting for the black suspension noted above
(see also below).

As noted above, the reaction of titanium metal with the
zinc chloride melts invariadbly produced the black
suspensions, which, on filtering +through a Pyrex frit,
produced colourless solutions containing soluble titanium.
Attempts to obtain "d"-spacings for the black compound by
X-ray -diffraction of the powdered reaction mixture with
pure zinc chloride were ﬁnsuccessful, only the diffraction
lines for +the 1latter compound being observed, perhaps
indicating the amorphous nature of the reaction products.

Dissolution of the above melt mixture in water caused
the evolution of hydrogen gas, and a grey suspension with
reducing properties was formed (towards, for example,
KMnOs) . This reacted in air to form yellow solutions,
Presumably of oxychlorotitanate(IV) salts. However,
dissolution of +the melt 1n ethoxyethane produced a
precipitate congisting apparently entirely of shiny
reddish-~violet crystals. After washing with fresh
ethoxyethane, chemical analysis indicated a Ti:Cl ratio of
1:3, suggesting that the product was titanium(III)
chloride. This observation was consistant with the
voltammetric results (below) and so the reaction of
titanium metal with 2zinc <chloride may be written:
2T1i + 3ZnCls —---> éTiCl, + 3Zn (8.1)
Similar results were obtained with the alkali chloride

mixtures.
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The X-ray diffraction pattern of the violet crystals
could not be obtained, due to hydrolysis of the extremely
hygroscopic substance in the chamber of the
diffractometer, despite using a sample holder sealed with
polymer film.

It is interesting to note that anodisation of titanium
metal in LiC1l/KCl eutectic or addition of solid TiCl: is
reported to produce a similar black suspension (119). The
substance is evidently an insoluble titanium(II) compound,
possibly TiO or TiCla, but due to the reactive nature it
has not been characterised. The involvement of oxygen in
the titanium systems is difficult to discount, due to the
hygroscopic and ajr-sensitive nature of the lower
oxldation states of titanium.

In contrast to the behaviour of titanium metal,
titanium(III) chloride reacted to form clear blue-green
solutions, sometimes with a violet precipitate presumably
of unreacted TiC1,;, and below this a layer of
greyish-white TiOa., the latter substance being
identified by X-ray diffraction after dissolving <the
qQuenched melt in water.

No simple explanation can be given for the difference
in solution colour between titanium metal and
titanium(III) chloride, since the voltammetric results did
not distinguish between the soluble species present in the
two cases. It is possible that electro-inactive oxychloro-
specles exist in +the TiCl;-containing melt, formed by
partial hydrolysis of the very hygroscopic compound.

The titanium concentrations of solidified melts were
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determined by conventional “wet! chemical methods after
dissolution of the so0lid in hydrofluoric acid.
{

8.2 Cvclic voltammetry of titanium compounds-—

Resultes and discuseion
8.2.1 Titapnium metal in votassium chloride-zinc chloride
a) Pure zinc chloride.

At 350°c, an 0.60M solution showed only one oxidation
wave within the electrochemical window of the melt

(fig.8.1). The peak widths and peak separations increased

with scan rate, probably due to uncompensated melt
resistance, but at relatively low scan rates, the
voltammetric parameters were congistant with a

one-electron reversible transfer (table 8.1). For example,
calculated half-peak width at 350°C, 0.13V, found,
0.14V. The peak current ratios were generally in the range
0.95-1.00, though the ipa/ V'R values were rather
erratic. This was probably due to the appearence of
"noise' at the slower scan rates, on the anodic side of
the oxidation wave. The maximum "amplitude" was, however,
only about %5 per cent of the peak height.

Oon heating to 400°C, a significant change was
observed, the peak current ratios being significantly less
than one up to 1 Vs? gcan rate, and decreasing with
decreasing scan rate. Also the noise "amplitude"
increased (table 8.2, fig. 8.2). These effects were even
further enhanced ~on heating to 440°C, the noise
"amplitude" being up to 50 per cent of the peak height,
and the cathodic peaks virtually non-existant (table 8.3).

The behaviour of the peak current ratios with scan rate
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Figure 8.1. Typlical cyclic voltammograms for the
oxidation of titanium(III) (0.60M) in pure =zinc chloride
at 350°C (reaction product of titanium metal)

Working electrode: vitreous

carbon
Reference electrode: zinc

Scan rates: 1000 mVs™

200 mVs™

|
—{

+ 0.30

0.3 ma
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Table 8.1. Voltammetric Parameters for 0,.60M
titanium(ITI) 4in oure zinc = chloride  350¢C

Scan rate/ Iyo/ Isa AE,/ I/ 2/
mVs- mV mA/(Vs) V=
2000 0.99 676 0.58
1500 0.95 636 0.63
1000 0.99 579 0.66
500 0.96 - 475 0.72
200 0.99 344 0.91
100 1.01 244 0.59
Epa—Epasa/mV Ep/V

2000 318 1.130

1500 301 1.090

1000 273 1.033

500 221 0.954

200 185 0.931 ~

100 153 0.880

Table 8.2, Voltammetric  Parameters  for 0.60M
titanium(III) in wvpure zinc chloride at  400°C

Scan rate/ Iso/Isa AEp/ Ioa/ 02/
mVs~! mV mA/ (Vg)wve
1000 0.76 522 1.41
500 0.74 429 1.37
200 0.69 295 1.35
100 0.63 227 1.32
50 0.63 182 1.33
20 0.63 170 1.40
Eu“Ep./a/mV Eu/v
1000 238 0.965
500 216 0.897
200 182 0.840
100 159 0.817
50 148 0.806

20 136 0.783
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for Q0.60M

titanium(III) in pure zinc chloride  at  440°C

Scan rate/
mvVs~

1000
500
200
100

1000
500
200
100

a. These values uncertain due to distortion

peak.

Eu‘_ Ewa/mV

264
214
173
153

AE,/

mV

Ep/V

0.956
0.864
0.793
0.773

I»/V'n/

mA/ (Vs™)*/®

3.08
3.00
3.07
3.26

of cathodic

for 0.10M

titanium(ITI) in pure =zinc chloride  at  438°C

Scan rate/
mVs™

1000
500
200
100

50
20

1000
500
200
100

50
20

0.92
0.86
0.77
0.67
0.65
0.61

Ep._' Ep‘la/ mV

162
150
145
143
140
140

mV

162
155
145
137
134
134

Ep/V

0.960
0.943
0.931
0.920
0.913
0.905

I“/\)*lla/

lnA/ (vs-1)|/a

0.62
0.60
0.58
0.62
0.57
0.65
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is, on the face of 1it, diagnostic of an irreversible
chemical reaction following the charge transfer (77.78).
However, the '"noise" in the voltammetric waves suggests
gas evolution due to formation of a volatile titanium(IV)
compound (almost certainly TiCl,) since a one-electron
oxidation of titanium(III) occurs and thus the decrease in
the peak current ratio at 1lower scan rates probably
results from the 1loss of +the oxidation product by
volatilisation. A plausible hypothesis was the formation
and dissociation of a titanium(IV) complex from an
initial titanium(III) complex:

TiCle»™ ——> TiCleé + e - (8.2)

TiCle = TiCls + 2C1- (8.3)

It may be assumed that the equilibrium 8.3 shifts to the
right with increasing temperature, as i1indicated by the
increasing amounts of "noise" on the voltammograms. Also,
since the formation and growth of gas bubbles undoubtedly
involves a nucleation and growth stage, gas evolution
("noise") may not be observed at faster scan rates, as
the bubbles will not have time to form.

If a reversible electron transfer is assumed, then at
the electrode surface, the concentration ratio of
Ti(IV)/Ti(III1) will ©be predictable from +the Nernst
equation. Thus at some point on the forward sweep, the
concentration of TiCls should exceed the saturated value
and ténd to volatilise from the solution, subject to the
kinetic limitatians indicated above. The effect is
analogous to the precipitation of chromium(III) chloride

at a critical potential from chromium(II) solutions, as
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discussed in chapter six. It 18 evident +that the
concentration of TiCl. at a given potential will
increase with +the 1initial +titanium(III) concentration.
Thus sufficiently dilute sgolutions should not exhibit
"noise" due to gas evolution.

As evidence for the latter prediction, a more dilute
solution of titanium(III) (concentration: 0.10M) wasg
examined. At 438°C, this system showed no sign of gas
evolution and conformed approximately to the behaviour
expected for a reversible system, except that the peak
current ratios were significantly less than one, even at 1
Vs?' scan rate, and decreased with decreasing scan rate
(table 8.4). Thus it appeared that the oxidation product
could be 1lost even when the voltammograms showed no
indication of ©bubble formation. However, the mechanism
cannot be described as a first-order chemical reaction
following the electron +transfer. This was demonstrated
below with solutions in more ©basic melts, where the
effects of uncompensated melt resistance were minimised.
b) 0.1 mol fraction KC1.

A 1.0M solution of titanium(III) in this melt at
412°C showed voltammograms in which +the cathodic peak
was 1nsignificant compared +to +the anodic, even at 1
Vs (£12.8.3). At lower scan rates “noise" wa.s
apparent. Again the anodic half-peak widths (table 8.5)
were consistant with a one-electron transfer, though
broadening and an anodic peak potential shift were
observed at higher scan rates, again probably due +to

resistance effects.



256

Figure 8.2, Typical cyclic voltammograms for the
oxidation of titanium(III) (0.60M) 1in pure zinc chloride
at 400°C (reaction product of titanium metal)

Scan rates: 1000 mvVs™

500 mvs~™

P
——"

200 mVs™

100 mVs™

50 mVs-?

20 mVs™

Working electrode: vitreous carbon

R .
eference electrode: zinc + 0.26 V
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Figure 8.3. Typical cyclic voltammograms for the
oxidation of titanium(III) (1.00M) in 0.10 mole fraction
KC1-ZnCl. at 412°Cc (reaction product of titanium
metal)

Working electrode: vitreous carbon
Reference electrode: zinc

Scan ratesi 1000 mvVs™

500 mvs™

200 mVs™

e

e

S gl

T

+ 1.65 V

0.6 mA
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Iable 8.5. Voltammetric  Parameters for 1.00M
titanium(III) 4in 10/90 mole w.c. KC1/ZnCle at 412°C

Scan rate/ Is0/I0e AE,/ . Ipa/ Vv %/
mvs- mv mA/(Vg) e
1000 a a 9.37
500 - - 10.16
200 - - 9.92
100 - - 11.66
50 - - 12.57
20 - - 14. 34
Epa— E,.,-/mV EM/V
1000 192 0.912
500 161 0.851
200 132 0.811
100 127 0.791 .
50 125 0.791
20 101 0.730

a.. These values uncertain due to distortion of cathodic
peak.

Table 8,6, Voltammetric  Parameters for 0.36M
titanium(III) 4in 30/70 mole m.c., KC1/ZnCle. at 412°C

Scan rate/ Ioo/ I AE,/ Ip/v'2/
mVs- mv mA/ (Veg—)2
1000 a a 9.09
750 - - 9.29
600 - - 9.19
500 - - 9.19
300 - - 9.39
200 - - 9.09
100 - - 9.48
50 - - 10.47
E,.—E,././mv Eu/v
1000 146 0.832
750 136 0.842
600 133 0.865
500 130 0.865
300 128 0.842
200 123 0.842
100 120 0.832
50 b b

a.. These values uncertain due to distortion of cathodic
peak.

b. These values uncertain due to distortion of anodic
peak.
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c) 0.3 mole fraction KC1l.

A 0.36M titanium(III) solution in +this system at
400°C again produced voltammograms with 1little evidence
of substantial reduction of the oxidation product.
“"Noise" was observable even above 1 Vs* scan rate.
However, the anodic peaks showed no variation 1in peak
potential or half-peak width with scan rate, and a plot of
1, versus v'* was 1i£§ar except for deviations at
50 mVs™ and below, due to peak distortion caused by
“noise', and probably also from convection (table 8.6,
fig. 8.4). This result was again consistant with a
reversible one-electron transfer, until the TiCl.
solubility was exceeded on the forward sweep, and hence
lost by volatilisation, rather than a mechanism involving
an irreversible chemical reaction, which should involve a
cathodic peak shift (77,78).

d) 0.5 mole fraction KC1l.

The remarks made above for the 0.36M solution in the
0.3 mole fraction melt apply equally well to a 0.39M
solution in this system (table 8.7). However, for a more
dilute 0.06M solution at 405°C, well-defined anodic and
cathodic peaks were observed, though with the peak current
ratio significantly less than one, and with some noise for
v < 200 mvs"' (table 8.8, fig. 8.5). On cooling to
380°C, and then to 338°C, respective 1increases in the
peak 6urrent ratio were observed (tables 8.9 and 8.10),
suggesting a suppression of +the dissociation equilibrium
8.2 above, as noted with the pure zinc chloride.

An even more diiute solution (0.02M) exhibited



Figure 8.4, Typical

cyclic

260

voltammograms

oxidation of titanium(III) (0.36M) in 0.30

KCl-ZnCl:. at

400°C
metal)

Working electrode:

Reference electrode:

(reaction

Scan rates: /\

product

vitreous carbon
zinc

1000 mvVs™

750 mvVs™

of

for the
mole fraction
titanium
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Table 8.7. Voltammetiric  Parameters for . 0.36M

Xitanium(ITII) in 50/%50 meole p.c. KC1/ZnCl. at 400°C
Scan rate/ I3/ Ise AE,/ Ipa/Vv'2/
nVs" mV mA/ (Vg) /e
1000 ‘a a 11.50
750 - - 11.62
600 - - 11.78
500 - - 11.74
300 - - 12.67
200 - - 13.55
Esa—Epaza/mV Ewn/V
1000 124 1.031
750 124 1.031
600 124 1.031
500 124 1.031
300 124 1.016
200 134 1.016

a.. These values uncertain due to distortion of cathodic
peak.

Iable 8.8. Voltammetric Parameters for  0.06M
titanium(ITI) in 50/950 mole p.c. KC1/ZnCl. at 405°C

Scan ra.'l:e/ I’O/IM AED/ Iu/\"n/
mVs™ mV mA/(Vs™) /2
1000 0.60 161 1.71
500 0.57 155 1.66
200 0.52 135 1.68
100 0.51 135 1.68
50 0.46 a 1.89
Epa—Epasz/mV Epu/V
1000 150 1.079
500 156 1.061
200 135 1.037
100 130 1.027
50 124 1.037

a.. This value uncertain due to distortion of cathodic
peak.
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Figure 8.5 Typical cyclic voltammograms for the
oxidation of titanium(IIX) (0.06M) in 0.50 mole fraction
KCl-ZnCle. at 405°C (reaction product of titanium
metal)

Working electrode: vitreous carbon
Reference electrode: zinc

Scan rates: 1000 mVs™

500 mVs™

200 mvVs™

100 mvVs™

50 mvVs-"

+ 0.56 V
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Table 8.9, Voltammetric Parameters for 0.06M
titandum(III) in 50/%0 mole .c, KC1/ZnCle. at 38Q°C

Scan rate/ I50/1Ise AE,/ Ina/v2/
mVs- mvV mA/ (Ve-r)/=
1000 0.81 146 1.38
500 0.86 146 1.17
200 0.78 134 1.15
100 0.70 133 1.16
50 0.68 127 1.15
Epa—Epase/mV Epn/V
1000 180 1.184
500 149 1.235
200 149 1.184
100 154 1.184
50 149 1.184

Iable 8.10, Voltommetric  Parameters  for  0.06M
titanium(III) in 50/50 mole p.c, KC1/ZnCl. at 338°C

Scan rate/ Ivo/Ipa AEy/ Isu/ v/
mVs™ mvV mA/ (Vs )2
1000 0.98 118 1.10
500 0.94 118 1.10
200 0.88 118 1.13
100 0.83 118 1.15
50 0.77 118 1.18
Ep.“ Ep./a/mV E,./V
1000 132 0.978
500 132 0.978
200 139 0.978
100 134 0.978

50 139 0.978
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uncomplicated reversible behaviour at 400°C, again
demonstrating the effect of concentration (table 8.11).

For +this system, attempts were made to calculate rate
constants for a presumed irreversible chemical reaction
following +the charge +transfer (E.C: mechanism), using
the procedure of Nicholson and Shain (120). Thus the
values of peak current ratio may be related to a quantity
log(ket) from a working curve, where k. 1s the rate
constant of the chemical reaction, and t is the time in
seconds from E..x to the switching_. potential. However,
in the present instance, calculated values of k. (table
8.12) were not constant with scan rate, but decreased in a
manner approximately proportional to scan rate. This
evidence clearly demonstrates that some or all of +the
assumptions involved 1in +the E;Ci mechanism are not
valid in this case, i.e that the product is converted via
a first order chemical reaction to an electrochemically
inactive product.

e) 0.6 mole fraction KCl.

A 0.70M solution i1if titanium(III) at 416°C in +this
system again exhibited behaviour similar to that observed
for the 0.39M and 0.36M solutions in the 0.5 and 0.3 mole
fraction KC1l melts, the cathodic peaks being
insignificant even at 1 Vs™' scan rate (£1ig.8.6, +table
8.13). However, on cooling below 346°C, cathodlic peaks
becamé discernable, the peak current ratios being in the
range 0.04-0.09 (table 8.14). At 310°C, the ratio had
increased by a factor of about 10 (table 8.15). On further

cooling to 290°C, inflections began +to appear on the
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Table 8.11. Voltammetric  Parameters for 0.02M
Xitanium(IIT) 4dn %0/%0 mole v.c. KC1/ZnCle at 400°C

Scan rate/ I50/Isa AE,/ I/ 'R/
mvs- mv ma/ (Vsg)'e
1000 1.10 153 0.56
500 1.06 151 0.56
200 1.02 141 0.57
100 0.94 146 0.60
50 0.94 146 0.58
20 0.88 141 0.62
Eu"’Eu/ﬂ/mv E,./V
1000 167 0.978
500 167 0.911
200 162 0.911
100 164 “0.911
50 164 0.911
20 165 0.911

ITable 8.12. Calculated rate congstants  for  0.00M
titandum(III) in 50/50 mole p,c. KC1/ZnCls at 380°C
assuming F.C; mechanism

Scan rate/ Ip0/Isa tau/ rate constant/
mvVs-! s* s
1000 0.81 0.56 1.52
500 0.86 1.12 0.73
200 0.78 2.80 0.32
100 0.70 5.60 0.16
50 0.68 11.20 0.08

¥ Time from E,.: to switching potential.
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Figure 8.6. Typical

cyclic voltammograms for the
oxidation of titanium(III) (0.70M) in 0.60 mole fraction
KC1-ZnCl. at #416°C (reaction product

metal)

of titanium

Working electrode: vitreous ca.rbonI
Reference electrode:

zinc

Scan rates:///\ 2000 mVs™
' \

o

1500 mvs™
Wity

400 mVs™

200 mVs™

+ 1.49 Vv

+ 0.22 V
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Table 8.13, Voltammetric = Parameters

for 0.70M

titanium(ITI) in 60/40 mole .o, KC1/ZnCl. at 416°C

Scan rate/ Ise/Ira

mvVs~

2000 a
1000 -
400 -
200 -

Eu— Ep./n/ mV

2000 160
1000 b
400 ~
200 -

a. These values uncertain due to distortion

peak.

b. These values uncertain due
peak.

to

AE,/
mV

®

En/V

1.030
1.040

Ip./\)‘,./
mA/ (vB-1 ) /2

18.77
20.45
25.19a
29.69a.

of cathodic

distortion of anodic

Table 8,14, Voltammetric  Parameters  for _ O.70M
titanium(ITI) in 60/40 mole w.c. KC1/ZnCle. at 346°C

Scan rate/ Ivo/ Isa
mVs™
1000 0.09
750 0.05
500 0.06
300 0.03
200 0.03
100 0.04
50 0.04
Epa—Epase/mV
1000 197
750 197
500 197
300 202
200 217
100 b
50 -

a.. These values uncertain due to distortion

peak.

b. These vélues uncertain due
peak.

to

Es/V

1.179
1.169
1.169
1.143
1.107
b

Iu/“"’/

mA/ (vs—i) vz

13.73
13.99
14.58
16.20
16.48
19.76
24.03

of cathodic

distortion of anodic
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Table 8,15, Voltammetric  Parameters for 0.70M
titanium(III) in 60/40 mole p.c. KC1/ZnCle. at 310°C

Scan rate/ Ipo/Isa AEs/ Ioa/VR/
mvVs- mV mA/ (Vg-r)va
1000 0.86 492 12.65
500 0.80 452 15.27
200 0.75 378 16.89
100 0.70 368 19.17
50 0.57 283 20.11
1000 169 1.179
500 175 1.231
200 129 1.174
100 106 1.170
50 69 1.156

Iable 86.16., Voltammetric  Parameters for 0.70M
titanium(IIT) 4in 60/40 mole p.c., KC1/ZnCle. at 290°C

Scan rate/ Ipo/ Ipa AEy/ Ipa/v'2/

mvs~ mV mA/ (Vg™ )
100 1.03 328 14.03

50 0.76 303 14.81

20 0.49 251 15.68
100 104 1.037

50 90 1.027

20 59 1.008

Table 8,17, Voltammetric  Parameters

for 0.7T0M

titanium(ITII) din 60/40 mole p.c. KC1/ZnCl, at 272°C

Scan rate/
mVs-!

100
50
20
10

5

100
50
20
10

I50/Ise

0.97
0.77
0.62
0.57
0.52

86
73
82
63
60

AE,/
mv

350
255
262
115

87

En/V

0.990
0.906
0.917
0.875
0.865

I“/\)\Ia/

mA/(Vg-)we

11.66
11.88
11.38
12.81
12.59
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anodic waves, and cooling to 272°C resulted in
voltammograms with narrow anodic half-peak widths, and
with inflections also on the cathodic waves, indicative of
the deposition and stripping of insoluble product (tables
8.16, 8.17, £1ig.8.7). Some "noise'" was however still
evident.

Unfortunatly attempts to isolate the electrode product
by constant potential electrolysis at vitreous carbon
electrodes were unsuccessful, the product appearing to
have decomposed or dissolved when the melt was dissolved
away with propanone or ethoxyethane. However, the product
in this relatively basic melt was likely +to have been
potassium hexachlorotitanate(IV). This substance may be
prepared from the 1nteraction of TiCl: and potassium
chloride (121), and the stability of +the TiClé 1ion
is markedly dependent on the Lewis acidity of the cation,
so that, for example, the analogous sodium or 1lithium
compounds have not been prepared, and interaction of
TiCl. with the LiCl/KCl eutectic below 448°C or with
equimolar NaCl/KCl at 700°C (solubility 3.1 mole %)
produces the solid rotassium compound quantitatively
(122,123). At 470°C 1in +the former melt, 0.1 mole %
titanium(III) may be oxidised electrochemically to gaseous
TiCl. (124), and more concentrated solutions to solid
KoTiC1ls (12%5), actually recovered from the melt, in
line with the present work. The existance of a compound
such as "ZnTiCls" 1is thus unlikely due to the acidity of

the zinc cation.
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Figure 8.7. Typical c¢yclic voltammogram for the
oxidation of titanium(III) (0.70M) in 0.60 mole

fraction
of +titanium

KC1-ZnCls at 272°C

(reaction product
metal)

T

+ 1.44 V

Working electrode: vitreous carbon
Reference electrode: zinc
Scan rate: 20 mVs™.
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8.2.2 Titanium(III) chiloride in
potassium chloride-zinc chloride melts
a) 0.25 mole fraction KC1.

In this system, a 0.34M solution of <titanium(III)
chloride gave an oxidation wave at 0.81 V with respect to
the zinc deposition potential, but +the corresponding
cathodic peak was dinsignificant in comparison. The peak
potential may be compared with 0.82 V for the solution
formed by the reaction of titanium metal in the 0.3 mole
fraction melt (see below) suggesting that the same species
was present 1in solution. The voltammetric parameters,
given in table 8.18, are consistant with a one-electron
oxidation, but with the 1loss of volatile TiCl. by the
process discussed above for the titanium metal solutions.

One fgrther f'eature of these systems which may be
mentioned here is the appearence of two additional waves
on the voltammograms. The first, particularly prominant
with solutions of titanium(III) chloride, but also
occurring occasionally with solutions prepared by reaction
of titanium metal, was an anodic wave occurring at about
0.3 V cathodic of the Ti* oxidation wave; the second, a
cathodic wave at about 0.5 V cathodic of +the Ti®*
oxidation peak. Although the preak positions were
relatively constant, the peak heights were very variable
between different experiments, one or other, or both, of
the wéves being absent. Both waves were narrow (half-peak
widths, 70 mV and 100 mV respectively at 400°C), and
symmetrical (fig. 8.8). The anodic wave increased linearly

with the scan rate, whereas the cathodic wave increased as
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Table 8.18. Voltammetric Parameters for 0. 34M
itandun(III) 4in 25/7% mele p.c. KC1/ZnCle at 398°C

Scan rate/ Ipo/ Ipe AE,/ Ioa/ 02/
mVsg-' mvV mA/ (V)=
1000 a a 3.25
500 - - 3.03
200 - - 2.97
100 - - 3.31
50 - - 3.07
20 . - 3.42
Esa—Epesa/mV Ep/V
1000 123 0.834
500 118 0.813
200 118 0.802
100 131 0.832
50 105 0.813
20 105 0.813

a.. These values uncertain due to distortion of cathodic
peak.
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Figure 8.8, Typical cyclic

voltammograms for the
oxidation of titanium(III) (0.34M) in 0.25

mole fraction
KC1l-ZnCl:. at 400°C (reaction product of +titanium(III)
chloride)

Working electrode:

vitreous carbon
Reference electrode: zinc

Scan rates: / 1000 mVs-
/

/
\._

500 mVs™

200 mvs~™

A 100 mvs~™
1.0 mA

"+ 1.33
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v'/®, This behaviour for the anodic wave 1is diagnostic
of s8trong adsorption (77,78) of the oxidation product,
except that the expected corresponding cathodic peak (at
the same potential) was absent.

An additional piece of evidence was that if the
potential was held cathodic of the supposed adsorption
peak for several minutes, a relatively intense peak was
frequently obtained, which decreased in height on
subsequent scanning. This suggests that the vitreous
carbon electrode was 'cleaned" of some species blocking
adsorption by being held at these cathodic potentials.
Evidently some property of the adsorbed layer prevents the
reduction on the reverse sweep.

Moving on to consider the cathodic wave, as noted
above, this appears to be diffusion-controlled from the
peak height dependence on scan rate. The narrow peak width
however suggests a multi-electron +transfer or possibly
deposition. By varying the switching potential it was
shown that the presence of the peak depended on the
initial oxidation to form titanium(IV), though the nature
of the process is unclear, but might involve oxychloride
species. For example, Linga et al (126) reported that even
in “purified" n-butylpyridinium chloride/aluminium
chloride melt (at 30-60°C), with solutions of TiCl. an
irreversible reduction wave due to an oxychloro-complex of
titanium(IV) coulq be observed, as well as the reversible
wave due to TiCls reduction. Oxide additions to the melt
increased +the height of the 1irreversible wave, which

appeared at a more negative potential than the reversible
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wave, as does the wave of interest in the present work.
b) 0.44 mole fraction KC1.

The temperature variation of a dilute (0.012M) solution
of titanium(III) chloride in the system was investigated.
It was found that the peak current ratios were
significantly less than one at 382°C, but increased on
cooling, so +that reversible behaviour was observed at
236°C (tables 8.19, 8.20), the variation belng analogous
to that observed for +the 0.06M solution prepared by
reaction of +titanium metal in the 0.5 mole fraction KC1
melt. The anodic peak potential (1.00 V) was similar to
that found in the 0.5 mole fraction melt (1.02 V), again
suggesting that a similar species was present.

Voltammetric evidence in the form of "additional' waves
was also found for the presence of oxychloro-species, as
noted above for the 0.2% mole fraction KCl melt.

8.3 Characterisation of anodic oxidation vproduct

In order to establish the identity of the oxidation
product of titanium(III) in these melts, constant
rotential electrolysis was performed at a large area (5
cm®) vitreous carbon electrode in 0.5 mole fraction
KCl/ZnCl. melts at 400°C, containing 0.7TM T1(III).
When the potential was held at the voltammetric peak, gas
evolution was observed, and after passing the argon
carrier gas flowing +through +the cell 1into water, the
hydroiysis products were found to contain titanium and
chlorine, in the ratio 1:4, confirming that the oxidation
product was indeed titanium(IV) chloride. As noted above,

this result 1is consistant with a number of reports
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Table 8.19, Voltammetric = Parameters for 0.012M
titanium(ITI) in 44/56 mole w.c. KC1/ZnCl, at 382°C

Scan rate/ Ivo/Iva AEy/ Isa/ Vv 2/
mVs™ mv mA/ (Vs™) e
1000 1.05 148 1.03
500 0.99 148 0.98
200 0.89 146 0.98
100 0.82 146 0.97
50 0.71 143 0.96
20 0.58 143 0.97
E..—E,.,./mv E,./V
1000 148 1.058
500 141 1.058
200 141 1.001
100 141 1.001
50 141 1.001
20 141 1.001

titanium(IIT) in 44/56 mole p.c. KC1/ZnCle at 236°C

Scan rate/ Ive/ Ise AE,/ Ioa/V¥2/
mVs™ mV mA/ (Vs—)'e
1000 1.18 128 0.39
500 1.08 128 0.38
200 1.06 125 0.39
100 1.04 120 0.39
50 0.96 115 0.39
20 0.86 115 0.41
5 0.63 115 0.53
Epa~Epasa/mV Ep/V
1000 115 0.965
500 115 0.965
200 113 0.960
100 104 0.960
50 104 0.954
20 104 0.954

5 104 0.950
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indicating that the latter compound is evolved during the
oxidation of titanium(III) in chloride melts at relatively
high temperatures (67, 123, 124).
8.4. Conclusions and Further work

The resultg of +this study suggest that sufficiently
dilute titanium(III) solutions can be reversibly oxidised
to titanium(IV) in these melts, provided also +that the
temperature is not too high, consistant with the
reversible one-electron transfers found in relatively
low—-temperature melts, such as the. room-temperature
chloroaluminates noted above (126), and also in
NaCl/A1Cl; melts at 260°C (127). However, at higher
temperatures and with relatively high melt concentrations
of titanium(III), +the oxidation product appears to be
rhysically lost from the vicinity of the electrode, and
this result is consistant with reports of titanium(III)
oxidation in chloride melts at relatively high
temperatures, where titanium(IV) chloride is evolved (67,
123, 124). In the present work, there was no pronounced
stabilisation of the IV oxidation state in the more basic
melts, probably because the melt acidity was still
sufficient to destabilise the presumed
hexachlorotitanate(IV) complex which forms in the absence
of relatively acidic cations.

It was also concluded that spontaneous evolution of
TiCl4- took prlace from the titanium(III) solutions,
probably by ﬁisproportionation. with subsequent
decomposition to the oxide at the cell walls.

There was also no indication of reduction of
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titanium(III) to 1lower oxidation states within the
electrochemical window of the melt. This 1is consistant
with the reaction of titanium metal to displace zinc and
form the III oxidation state, and with the strongly
reducing nature of titanium(II).

Some voltammetric evidence of the presence of oxide
species was obtained for the solutions of titanium(III)
chloride, which are more lilkely to contain oxygen species
through hydrolysis (of the titanium chloride) than are the
solutions prepared by the reaction of titanium metal.

The titanium system in the zinc chloride meits exhibits
quite complicated behaviour and a number of points remain
unclear, for example, the exact nature of the black
suspension formed by the reaction of titanium metal with
the melts, and of the blue solutions formed by reaction of
titanium(III) chloride. A study of the role of oxygen
species would be desirable.

Also, a more extensive study using a wider range of
concentrations and at different +temperatures could be
undertaken to determine the variation of the dissociation
constant of the chlorotitanate(IV) melt species with melt
acidity, and thus confirm the expected stabilisation in
the more basic melts.

The variation of solubility of titanium(III) chloride
could also be examined to assess the predictions of the
Coordination Cluster theory. as discussed in chapters one

and four.
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