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"Much important chemistry has been obscured
by our slavish devotion to water."(l
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 NOMENCLATURE
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Debyg¥Hucké1 constant (mole/Kg)_l/2
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concentration (molé/l)”“
bulk concentration (mple/l)

diffusion coefficient (cmz/sec)

interplannar spacing, X-ray analysis, (A)

’ poteq?ial_(volt)v

‘néellupotgntial (volt)

étandard oxidation potential of;the;élkalivmetal'invpure B

PC with respeét to Tl/TlCl;*(volt) a

"E, + 2RT/F 1n mﬁcl (volt)

1

. 'staﬁdard oxidation potential of the alkali metal in

A1C13(im)#3C solutidn; with respect to T1/TlCl, (volt)

" molal standard potential (volt)
molar standardﬂpbtential,(vOlt

molé-fractidn étandérd §Oténtiél (volt)f

potential difference between the pure alkali‘mEtal and

' iFS aﬁalgam'(vblt)

potential difference between the alkéli metal amalgam.

’  and‘T1(Hg)/TlC1 reference electrode (volt) o

1



AG

AG

AG

AG
t

o

soly

o

conv

lat

—_—F—

potential of the point of zero charge (volt).
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Faraday constant, 96500 coul./eq.
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standard free energy of formation (cal/mole).
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;he transition state and the metal or the amalgam state
(cal/mole). |

standard enthalpy (cal/mole).

. atandard enthalpy of the cell reaction (cal/mole).

standard enthalpy of solvation (cal/molg).

standard enthalpy of transfer (cal/mole).

enthalpy of activation at zero polarization (cal/mole).
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current density (mA/cmz).

apparent exchangé'current density (mA/cmz).

ionization potential (e.v.).

standard true exchange current density (mA/cmz).
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(ito)r ,relatiﬁe standard true exchange current density (mA/cmz).
J =--(0¢C + oca') FroiélRTKw N |
K association constant»of €1 and A% in PC.
ktO B standard troe‘rate eonstant (cn)see).
Ak;O standard apparent rateAconstan? (cﬁZsec);
kéz. : equilib;ium constant of‘AgClzfi
k- ' Boltzmann constant.
‘m . rmolality'(mole/Kg aoiﬁent);
M. W, | ;molecnlar>weight. :
M | alkali metal.
M(Hg) “alkali netal amalgam.
M# : activated complex or tansitiontstate.
p. ‘ ~pressure (atm) |
q . 4 .charge density (coul/cm ) \
R .i gas constant
ri‘ . u;crystal radii (A)
‘ i o distance from the center of the rotating disk (cm)
'~ro v radius of the disk (cm).
AS?: vstandard entropy (cal/mole °K).
-Asz° - standardventropy of the cell reaction-(eal/moiet9K).
Assolvo .istandard entropy of. solvation (cal/mole:°v).
T v'temperature ( K) . |
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v - specific volume (cm3/g)
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RLECTROCHEMICAL BEHAVIOR OF THE ALKALT METALS IN PROPYLENE CARBONATE
Jacob Jorné

Inofganic Méterials Research Division, Lawrencé*Bergeley Laboratory and

Department of Chemical Engineering, University of California

Berkeley, California
ABSTRACT

The eleétrorgduction of active metals from édhéous solution is
restricted primarily'by thermodynamic limitations;_because of prefer-
ential décomposition of thé soivént.” The most reactive of these, the
aikali metals, cannot ﬁe depositéd ;t all from squeous solutions.
Propylene carbonaté (PC); a highly polar.aprdtic compoﬁnd, was used.as
sqlvent médium for tﬁe dePOSitioﬁ of the alkali metals at ambient
femperature;' Li, Na, K, Rb, and Csvwere deposited successfully from

.served as a complexing

3 3

agent. ‘Thé'experimental pfdgram‘included:

‘their chlorides in AICl, solution in PC. AICl

1. ‘Equilibfium‘pdpehtialimeasureﬁeﬁté which yiel&éd activity coefficient‘
‘ défa,.éﬁdusefved tomestabliéh a féiatiﬁe standard potential scale
in AICL,=PC. | 3 | |

2. Conduétance?'déhsity‘measurements.

3. Micropolarizatién measurements, for 6btaining kinetic informatidn
(exchange current densities; transfer éoefficients) on the alkali
metals and~their amalgaﬁs in AlClB—PC; |

74} Electrodeposition studies in the Tafel fegion.

A new process is proposedlfbpfthe produétiqn'énd separation of_thev
algaii métals at aﬁbignt_tempé;aturé. Alkali amalgam froﬁ commercial
mercury-ghlbripe cglls is\tranéfér}ed iﬁfo an AlClj—?C electro-refining

cell, where the alkali metal 1s dissolved anodically from the amélgam,



and deposited in a pure metallic form at the cathode. The lean amalgam
is returned to the chlorine cell where it is agaiﬁ enriched With'respect

to the alkali metal..

i +



P

-higher electrode potentials than hydrogen cannot be deposited from

most famlliar organic solvents, in particular pyridine, formamide,

acetamide, acetonitrilei and»alcohols,.'.

I. TINTRODUCTION AND GENERAL BACKGROUND

~1.1. Introduction

The electrodeposition‘of.metals from aqueous solution is restricted

-primarily by thermodynamic limitations. Metals3which have significantly

1
E
i

Vaqueous solution- the solvent is decomposed instead In certain cases
~(e g, Zn Cd Fe) nature was generous enough to extend the deposition

, of metals up to approx1mately 1 volt because of high overpotential for

hydrogen evolution however most metals are above this limit and cannot

'rbe redUced-from aqueous solution. The alkali metals are the most reactive =

and cannot be dep051ted at all from aqueous: solution as they react vio—ﬂ

';:lently with watero In addition, the alkaline earth metals and most of
.the transition metals cannot be electrodeposited from their aqueous
asolutions,‘ The" alternative use of nonaqueous solvents has been rec-

‘jognized for many years,l?’2 and the search for the 'hmgic" solvent that

would permit a wider range of potentials for oxidation or reductlon,

’ f:l:turned durlng the years into ‘a wide ana very promising field——the fA‘

.chemistry of<nonaqneous solvents.

The search for an alternative to: water as a solvent was started

- in the beginning of the century by Walden.3 An early rev1ew on the
: deposition of metals from various nonaqueous solvents 'was written by

} Audrieth and Nelson,4- and later by Audrieth and Kleinberg.1 Brenner5

reviewed the deposition of metals from organic solvents up to 1964

Most of the work in this field was unsystematic and covered only the



Of all the classes of sblvents, fhe apfotic solvents proved to be
the most proﬁising. Aprotic solvénts do not contain proton avail;ble
for reduction. These sol§ents h#ve high dielectfic constants (greater
than 30), have weak.écidic‘and basic charactér; and éfe difficult to
oxidize or reduce. The'most éommonly used aprotic_sdlvents.are _
acetonitrile, dimethyl ?ulfoxide (DMSO) , dimethyl formamide (DMF),
N;methylformamide (NMF) , prépylené carbonate (PCj and 4—butyrolactoné{
These sqlveﬁts dissolve mode?ate conéentrations of ipnic salts and
permit a wide'fange'of poténtials, which eﬁable,’iﬁ éome cases,.the
reduction of the most active metals, without decomb@sition of : the solvent.

The'present work concénfrateé on'the poésiblé éléctroreductionbof
the alkali metals, at ambient temperature, from their solutions in
propylene carbonate.. The goal w#s to develop a new process for the
electrorefining and aeparéﬁion of the alkali metalé~at ambient temper-
ature, as an alternative to the high temperature molten salt procésses;-

by which these metals are curréntly produced. In addition, the electro-

deposition of magnesium, calcium, titanium and molybdenum was investigated,

and the reéults, mostly qualitative, are.presented separately in Appendix
v, v, VI.

Propylene carbonate (PC), originally proposed:for electfochemical
applications by Harris and Tobias,6 is a memberléf_a group of cyclic |
~esters. PC is a dipolar aprotic solvent with high.dielectrié constant,

low melting and high boiling point, dissolves many inorganic salts
giving solutions of moderate conductancg. The decomposition potential
of PC is above 4 volts. Some selected propertiés of PC ére pfesented
in Table 1-1. A more complete review on the prqﬁerﬁies; preparation

and purification of PC is given in Appendix I.

k]

-
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Table 1—l;v.Selected,properties of.propyléﬁe.carbonate.

Formula ' : CH, - CH — CH,
| ' : | |
N/
N\ | |
I - f
| 0 i !
?b . Ui . - !
) Molecular weight o Lo102
'Dielectric constant ‘65 at 25°C
Melting pbint , S - -49°C
Boiling point - o - 241°C,
Density - ‘ | 1.2 at 25°C
Viscosity . .. . 2.5 cp at 25°C

Colorlesé, odorless.

The inifial e1ectfochémi¢a1,sfﬁdy bfiPC6”ﬁaé quiékly followed by a
large:numﬁer'qf expléfaf6fyxgovernmént é@ohsored projects on the -

developmeﬁttof high energy batteries in which.lmthiﬁmvsefved as an

anode. _The’most.popdlar electrolytic solutions used in these projects

were LiCl0 .and_LiAlCl solutions in PC. Recently, PC has been used

as a nearly ideal structufeiess solvent for better understanding of
éolution chemisffyf

The4electfoéhemistry and application of PC was :eviewed recéntly
by Jasinski,7'and fhéréforg oniyIreiévant information coﬁcerhing tBe '
immediate subject of fhe pfesentiwérk'is'ﬁeiﬁg reviéwed in this chabter.

On the subject of high energy density batteries the reader is referred

to Jasinski.29 Over 200 papers and reports have been published on the

electrochemistry:of PC since Harris' thesis. A comprehensive review

8 g v v
by Butler on reference electrodes in aprotic solvents contains useful

information and an excellent list of references. The general subject



of electrochemiétry of nonaqueous solvents was recently covered by

3

Mann, 0 Givenell and Adams.12 Strehlow13 reviewed the electrode

potentials in nonaqueous solvents; still other reviews covered the field

of polarography in nonaqueous solvents.14’15’16‘ Payne17 reviewed the

subjéct of the electribal double layer in nonaqueous solvents. The
chemistry of nonaqueous ‘solvents is reviewed in recently publlshed

v books edited by Waddlngton18 and Lagowskl.l9 The rest of this chapter
is restricted to a review of the behavior of the elkali_metal in

PC. | | | |

1.2, 'Electrodeposition of the Alkali
' Metals from Nonaqueous Solvents

Although the alkall metals are the most actlve metals and have the

most negative electrode_potentials in-aqueous solution, their electro- -
deposition from various nonaqueous solvents seemed feasible. The general
‘ properties of the alkali metals are presented in Appendix II. Previous

investigations of the electrodep031tion of the alkali metals were quali-

tative in nature, incomplete and in many cases unrellable. 0f the
alkali metals only lithium, sodium and potaseium were electrodeposited,
mostly in impure forms, while fubidium,and_cesium were not obtained.
at all, probably.because of their high reactivity;

Lithium is in general more readily depositedlfrom various organic
solvents. Lithium was deposited for the first time.in 1895 from LiCl

solution in acetone?o and in pyridine.Zl’zz’23 In a more detailed

24,25

work lithium was obtained from LiCl solution in acetone, pyr1dine'._

and various aliphatic alcohols. An extensive work was done by Muller

-




e

’ w2 : A " PR
and his co-workers 6 on the electrodeposition of various metals, including

1

lithium, from pyridinebahd other solvents. Lithiuﬁ was obtained from
solutions of lithium‘iodide in ether;og nitromethane,27 G. N. Lewis and
F. G. Keyes28 measured the standard electrode potehtial of lithium in
propylamine, and the stébility of the metal toward the solvent Qas vefy
high. Harris andrTobigs6 ébtained metallic lithium from variou% solu%
1Ationé in several cyclic-esteré;'in partichlar from'propylene carbonat;
solutions. The stébility an& reVefsibilify of lithium in propylene
_carbonate (PC) andgofher aprotic'éolvents were adopted in a series of
préjects, sponsored mainly by NASA, in orde£ to de?elop secondary high ‘
7'lenergy‘batteries:fér'épace:application. Since this topic is béyond

the scspé Of'thé pfegent wqfk? and sinée thévsubjectvhad Been re&iewed

by Jasiné?i,29,7;oniybfesﬁits'whiéh'are‘reléted ditg;tiy to the deposition
of lithium aré'meﬁtioned hére; The aprotic'solﬁenfs are the most suitable
- medium forfthe‘réduC£i¢ﬁ'of the alkali metals. Most of the work invthis
fiéld wés goncérned-withbthe follbwing aprotic solvents: Aéetonitrile‘(AN),
dimethyl sulfoxide,(DMSO), dimethyl féfmamide (DMF), and PC. Lithium

30-36

was deposited from LiC10, solution in PC, and from the following

47,7,77,}59 6 36 LiBF 36

salt solutions in PC:  LiAlCl LiBr," LiPF, 4

4°
LiAsF6o36 Lithiuﬁ behaves reversibly and can be deposited-from the
,following systems: '4~butyrolactone, DMF and DMS0,

LiCl in DMSO,>2>37

36 37

dimethylsulfite,

LiI in propylamﬁne,zs‘and from LiC10, solution in

40,41

ethylene carbonate. __Fried and Barak42 étudied the reduction of

the alkali metals on platiﬁum substrates in PC by voltammetric technique.

AlloYingldf electrodeposited lithium with Pt, Sn, Pb, Al, Au, Zn, Cd,

43

Hg, and Mg is reported by Dey. A Li/LiBr-PC system waé used to



investigate the thermodynamics of lithium.isotope exchange reaction.44’45

The kinetics of the electrodeposition of lithium from L1C104, LiAlCla,

LiPF6 and LiBF4‘is reported by Meibuh'r'.%’47 The kinetics of the Li

electrode in LiClO4 solution in PC is also reported by Scarr,48 and the

influence of water on the exchange current density is discussed by

Butler; et al.49  The kinetics of Li(Hg) in LiCl solution in DMSO was

investigated.so.,

‘The electrd&eposition of'sodium and potassium from nonaqueous

solvents wés reviewed‘by Brenner.” Doubtful deposits of sodium®t ‘and

20,21,23,52

potassium were obtained from their pyridine and acetone

solutions. Sodium and potasgium have been obtained at somewhat elevétéd

températures (100°-150°C)from their iodides 1nvéthy1ene diaminé.53?54

Potassium was obtained from KCl in AlBr3-nitrOmethane solution.55 Russian .

workers intensively studied the electrodeposition of the alkali metals

from various combinations of the alkali metal halides and aluminum
' 56,57

halides in nitrobenzene; however, they concluded that nitro com-
pounds are ‘not suitabie for commercial electrodeposition of the alkali
metals. Sodium Waé electrodepositéd from a solution of sodium
trimethoxyborohydride in glycol dimethyl ether,s and from sodium
fluoroborate in diethyléhe glycol dimethyl ether5 at current densities
above SOOImA/cmz. The Ziegler proce3559 for the electrodeposition of

sodium from molten Né.Al(CZHS)4 or NaB(CZH5)4 should be mentionéd here,
although it is more of a molten salt electrolysis bath, and operates |
at a somewhat elevated ﬁempefature (150°C).

vHarris and Tobias6 obtaiﬁed light deposits of sodium and potassium

from Nal and KI solutions in PC, ethylene carbonate and some lactones.

*




sodium and potassium in aqueous solution.

W. L. Argo. ~

Meibuhr investigated the kinetic§ of sodium deposition from NaClO4

solution in Pc,%°

and obtained moderateiy high exchaﬁge current densities.
Potassium was repofted by several wdrkérs7 to bg unstable and_reactiﬁé

in PC. The'depositién of Na'and K on Pt electrode from their chlorides
in DMSO was feported by Avria‘and his CO—Vorkers;6l”’Sodium was found

4,65 and in diethylamine.65 Potassium was

to be stable in ethylamine6
stable in:ethylamine.62 Ethylamine and.diethylémine»were used in these
works to determine, for the first. time, the standard potentials of

62,64,65

~ Rubidium and cesium have not beén deposited from nonaqueous- solution,

'probably due to their high reactivity and experimentél diffiéulties..

However, rubidium was found to'Be;felatively stable in ethylamine, and
its standard potenfial was measured in this solvent by G. N. Lewis and
66 The standard potential of cesium was measured in

dimethylamine by Bent and;his co—workers.67

1.3, Solubilities and Conductance Studies in PC

Solubilities and conductivities are of importance in selecting
electrolytes for batteries and electrolysis cells, and in designing
cell configurations.  Since the early research on PC was oriented toward

the development of high energy‘batteries,rmbst of the conductance data -

" was obtained at high concéﬁtrations; ‘More recently, measurements were

performed in the dilute range in order to gain better understanding
about solvent-solute 1nteractiona.68'72’81582’79
Most of the. data on solubilities andvconduétiVities is summariéed

in Jasinski's review,7 and the reader is feferred Eo Table XIII and XIX

in that review. Solubilities in PC are lower thén'in water. The
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maximum solubilities are in the range of 2-3 M. A more valid comparison
can be made on a.mole fraction scalé, since the molecular weight of PC‘
is more than 5 times greater than that of water; Therefore solubilities
of the order of 2 M in PC are equiv#lent-to approximately 10 M in aqueous"
solutiohs,‘since_both hafe'the same mole fraction ratio. Solubilitieé

of highly soluble salts in PC taken from the literature are presented

in Table 1-2.
fahle 1-2. Selected solubilities in PC.
vSalt' S Concentration f. Referen;e
LiBr'j" _ 2.43 m | _ | ',68
LiI 1.365m - . 68
LiPF, Soeswm ) 69
LiPF, © 0.55M 0
Liclo, . 2.1M " oon
LiBF, 042 M © 70
"NaC164: o  >wm | 72
Nal o - 1.10M - 72.6
NaPF, 0.86 M 0
KT . 0.23M 7N
kI . 0.223M 6

KPF, 1.2 M | 31a

.




AT S T ;¥ Py
(S T Y Y s S e §

Saltsvwith_large'anions'are generally more'soluble in PC. The
solubilities of lithium salts are higher than the rest of the alkali
metals; the solubility drops with increasing catiOn'size. Small cations
are strongly solvated by the localized negative pole of the PC molecule.

Specific conductivities in PC are in general one ~order of magnitude
lower than in water; andlrange between 1073 to 10 g ohm -1 fl. The
'relatively low conductance is attributed to the higher viscosity of PC
and to ion association at_high concentration. of special interest are
| the;solutions of AlCls, BF3l?“&;PF5 in PC.: lhese,solutes'are strong
 Lewis acids and coordinatevstrongly'with.the negative.pole of the solvent
molecule. Since the present work deals nainlylwithlsolutions:of AlCl3

in PC a separate section is dedicted to the solubility and conductance

‘of AlCl in PC. Selected conductance data is presented in Table 1= 3,,

3
Transference numbers of different salts in PC were measured using
' concentration cell with transference7? and Hittorf cells.71 69,80 “In

. 4 o .
the- case of L1C104, the transference number of Li  was below 0.5, similar
to:aqueous'solution.f

- 1.4. Conductance in Dilute Regions:

Conductance’measurements in dilute solutions can reveal important
:'1nformation about the solvent—solute interactions Most of ‘the work
“was performed in ordervto get the equivalent conductance at infinite
:'dilution where ions behave independently. The.equivalent conductances'
at infinite dilution A o? were obtained in most cases by extrapolation |

1/2

of a plot of A vs. to infinite dilution
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Table 1-3. Specific . conductivities of soluble salts in PC.

Sait' Concentration Conductivity Reference
. ohm~lem~
LiAlCl, 1N 6.57 107> 73 -
- 0.75 M 5.1 1073 74
alc1, 1.01 N 7.01073 73,75
Liclo, FRY 5.6 1070 73
L 1.1 N 4.97 1073 73
0.9 M 5.2 1073 76
LiPF, 0.76 N (sat) 5.83 1075 69
- 1 0.55 M (sat) 4.49 10-3 70
LiBr 2.4 m 5.0 107 6
1.15m 1.8 1073 77
LiBF, 0.42 M (sat) 2.5 1073 70
NaPF, 1N 1.67 107 69
- 0.86 M (sat) 6.8 1073 70
NaI l1.lm 5.8 1073 6
Nac10, 1.22 N 6.75 102 76
RPF, 0.5 N 6.8 1072 69
sat. 3.12 1073 70
KCNS 1.55 M 8.95 1073 31
PF . ~0.5M 1.3 1073 78
CaBr, S 0.75m 3.3 1074~ 6
0.4 M . 4.7 10-3 77 .

Mg(0104)2
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HarrisG'oBtained Kohlrusch.plots for NaI and KI in PC, and the equi-
valent condﬁctanqes'Were 28.3 and 31.0 ohm-lcmz, eq ~, respectively. The
slopes of thé straight lines wefe iﬁ gopd agreémént wiph»the Onsager
1imiting law equation. Fuoss, et 31,68 stﬁdiedAthe conductance of tetra-n
butylammonium tetraphenylboride in PC and coﬁcluded that ion association
Qas negligible.r'wu and Frigdmén72 investigated the conductances ana-heats
of solution of se?eral alkali metal iodides, perchlorates, trifluoroacetates
and tetraphenylborates in PC. - The perchlorates_wére féund to be strong
'eléctfolytes, ﬁhereas the ﬁriflﬁordacetatés showed considérable ion v
association. Kellef, et‘al.81 measured the equivalent conductance of -

Licio,, LiCl, LiBr, TBABR, TMAPF6_in Pc; and obtained the equivalent

)
'conductance at infinite dilution. Mukherjee and Bodén82 made conductance
and vi»s(':osi'tiy» measﬁ?ements of LiCl, i,i'Br', L-iC10'4,vEt ,NCL, Et,NClo,,
.ﬁ—BuaNBr énd,ﬁ—Bﬁ4NC104'in Pc;- The method of Fuoss énd'Accasciné83 was
used to obtaiﬁ Ao apd‘fhe indiVidual»ion cohductances A+° and A_o. LicCl
and LiBr were féund'tb bérésgociated,féhereas no association could be
detected for the other salts. | |

Table 1-4 presents the equivalent conductances and ionic conductancés
at infinite dilutionvfor several electrolytes in PC. The ionic conductance
of Li+ is the lowest, which means that the ion has a large effective size.
The ionic conduéﬁance of €10, , I , Br and:Cl_ are ;ﬁproiimately the

same. Anions are poorly solvated in PC, and their ionic conductance is

higher than the boﬁductance of the cations. f~"~
A somewhat related series of papers by Yao,and!Bennion84’85,86

needs mention. :ConduCtancéSvand viscoéities of several salte in DMSO
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Table 1-4. Equivalent conductance and
.ionic conductance in PC.

Salt A A+ A Reference
Licl 25.6 81
I 26.2 81
‘ - 27.5 7.30 20.20 82
LiBr 26.2 ' o 81
_ 27.35  7.30 20.05 82
1Lic10, S 250 B 81
: 26.2 | 69,72
26.08 . 7.30 18.78 81
, V 26.3 : 87
NaI 282 6
NaClo, - = = 28.3 o 72
KL ©30.75 11.97 18.78 79
~31.0 | 6
_ Kclo, 30.75 1197  18.78 79
Et,NC10, 32.06 13.28 18.78 79
n-Bu,NC10, 28,17 9.39 18.78 79
n~Bu4NBr _ 28.65 9.39 19.26 79
(1-Am),N(i-Am),B  16.37 ~ 8.185 8.185 79
(i-Am) N1 2695  8.185  18.675 79

~ Wwere measured over a wide range of concentrations and temperatures and

the transport properties were calculated and interpreted. - Melendres

determined the solubilities of chlorides, nitrates, perchlorates and

86a

bromides of the alkali, alkaline earth and several transition metals.
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1.5. Conductance Measurements of‘A_lCl3 in PC

AlClB, a strdng Lewis acid which is very sdluble in PC (3.2 M),
increases the solubility of salts that are insoluble in pure PC by forming
complex ions with the anions of these séltS{ AlC13:in combination with
‘LiCl was'investigaﬁed'as‘an electrolyte for'high_energy batteries
(Refs. 87,88,81,159,108,161,109). -Conductancé measurements and NMR
studies wére performed in order to understand the:transport-properties
énd thélsPecies present invAlC.l3 solutions in PC. Béden87 measured the

specificfconductance of AlC1, in PC over a wide concentration range

3
- (Fig. 1-1). The maximum specifié conductance of approximately

10—2 ohm_lcm 1

ogcurs.at.ah Al_Cl3 éongenfration of 1.2 M. The specific
”conAuctaﬁce,félls off aﬁ highér COhtentratiohs'because ofifhe increésiﬁg
viscosity of.tﬁé 301ution'and dpe té ionvassociétionvat higﬁ concentratiqﬁs.
Bréivogél énd'EisenbengS'meaéufed the equivéleﬁt conductance of dilﬁte
soiutions o'frAl('Zl3 and LiCl-A.ICl3 in-Pg,'using"a de conductivity me;hod.
Thg results were interﬁreted through the Onsager equation,.after'being
&drréttéd for'Qiscosity effect using ;he Walden rule. A plot of the
equivalentvconduCtances vs,-Cl/z_for LiAlCl4‘and A1C13 in PC are shown
. in Fig. 1-2 and Fig_]r3}.:espectively. The experimental slope in the

case of LiAlCl, did not agree with the'calcﬁlated Onéager slopé. Breivbgel

4
 and Eisenberg88vattgmpted‘tb explain the.anomalops minimﬁm in the equi-
valent édpductaqce of:AlCLj (Figf 173) by_the pfgsence of.difféfént ionic
‘species in-differeht p6ncentr%tion regions. The rapid increasevin was
.explainéd.as Beihglcauéed{by an_increasé in ﬁhe‘number of ions per mole
of ééiute as the cdncénfrétion.increaseé.' Tﬁe foilowing equilibrium |

t
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reactionsvwere proposed as being able to explain such an increase in the

specific conductance:
s atct.t + arc1” (1-'1)
3 . 2 7 .

: - +
4 AlCl3 = A1C14 + Al,Clg : ‘; (}—2)

3 Alcl

I3

Although either dftthé,equations can:explain qualitati&ely the anomalgus
behavior, further work is'required to confirm thisvhypothesis. A
differengxapproaéh was proposed By Keller,'etval.,81 wbo found the same
‘anomalous behavior of.'AIC]T3 at low concentrations. The minimum in tﬁe

1/2

plet of Ab,vs. C vWas explained by the hydrolysis of AlCl3 with traces

of water to give aliminum hydroxide and HCl. The limiting equivalent

1

conductance of LiAlCl, was estimated to be 34.5 ohm eq_lcmz, (see Fig.

4
1-2) although the extrapolation was somewhat uncgrtéin.

Keller, et al.81 also studied directly the_ionic equilibria of AlClj
in PC, using NMR techniques. From the Al27 specrra, Keller concluded
that the main species are Al(PC)n3+ and Alci4_,‘siﬁilar'to the species
present in an AlCl3<solution in acetonitrile. High resolution Hl spectra

"of 1 M AIC1.,-PC indicates ﬁeaks due to coordinated PC as well as bulk

3
PC. From the H1 and the Al27 spectra, Keller showed that the Al coodin-
ation number'(n) is six. Therefore, the dissolution of AlCl3 in PC

proceeds according to | ,:

AICL, + 6/4 BC > 1/4 AL(®O) > + 3/4 m1c1,” o @-3)

Furthermore, it was observed that the addition of LiCl to an.A1013-Pc
solution reduces the concentration of the coordinated Al species, and
at the saturation,point; where the LiClEAlCl3 ratio is 1:1, the coordinated

Al speciles disappears. Such'qbservations can be explained by the reaction
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between LiCl and Ai(PC)63+ to give AlClé_, acéording to the following

reaction: . '
x LiCl + 1/4 AL(RC) o' +3/4 AlCL,” » x Li' + (;-Z-’i) aLeo)
| | (1-4)
3+x -, 3x
+ (——4 ) atc1,” + =% pe

At the saturation'pdint, where x = 1, all the coordipated Al(PC)63+

converted to A1014—, and the species present are Li+ and A1C14_.

Table 1-5 summarizes thé.results of Keller, et al.,8l for solutions

3+

of AlCl, in DMF, AN, PC and water. The complexing strength of Al

3

toward Cl° 1is stfonger than toward PC, AN and water, but weaker than

toward'DMF. This ioﬁic'equilibria analysis of AlCl, in PC, according

3
to Keller, et al. is in contrast to the analysis of Brievogel and
Eisenberg._88 .Neithef of these workers succeeded in explaining quanti-

tatively the minimum in the equivalent conductance plot of AlCl3 in PC.

1.6..Diffusigp Coefficients
Diffusion éogfficiéhts of 1ithium“éalts in several aprofie solvéntsl
'wéré measured b‘y'sullivan,7Hansohkand‘Kgller,l74 using a porous disk
meth§d;-aAccbrding td‘thié methbd,‘a éorbus disi,ifiiled\with the
SOIutioﬁ to be studied,‘vassuspended in a lafge volqme of pure solvent,
and the intégrél diffusion coefficient was calculated from the weight
change. Tablé 1—6'pr§$ents the results of their ﬁeasurements.
g A direct cbrfela#ibn'Cah be seen between the diffusion coeffiéient
and thevsqivent &iséosity; _Sinée fo? the above solvents the product
D.n(solve;t).is constant.with;ﬁ i;6Z,‘this cofrelation_ca# be used to

estimate diffusion coefficients for various solute-solvent combinations.
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Table 1—6; Diffusion coefficients df‘lithium
salts in several aprotic solvents.

Electrolyte D, cmzsec—l
Liclo,(1 W) in PC 258 106
Licl 0.7 M)+A1CL, (1 M) 'in'vPC 3.04 107
LiClA M) tn DF  7.29 10°°
L16104(1_ M) in AN | 171 107°
Lic104(1 M) in MF o 1.68 107°
LiAs.Fef(’_l.l M) inMF 1.54 1070

‘The diffusion chfficients of the other alkali metals are expected
to be somewhat higher.than_fof.the heavily solvétédei+ ion with its

low mobility."

1;7.' Réferencé Electrodes in PC

'A reference eléctrodé is an imporfant tool in most-eleétrochemical
studies. Reference elecﬁrodeS‘afe widely used ih fhermodynamic and
kinetic studies of'eléctrbde reaéfioﬁs, and are veryrimportaﬁt fools iﬁ
many glectfoanalytical méthodé} An excéilent review on referencé
elecﬁrodes in aprotic solvents was written"by Butler8 and includes a
large list of references. | |

The esseﬁtial.éritefia.fof satisfac;ory refefeﬁce electrode are:
l)‘stable potential with time, 2) reversibility under polarization in
both cathédic and anodic direcfibns,_3) Nernstiaﬁ behavior with respect
to some speciesvin the eiectrolyte, 4) for referencé electrode of the
second kind, the solid phase must not be appreciably soluble in the electro-

lyte solution.‘ Reference electrodes must have a well defined reaction
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which determines its potential at equilibrium,-althéugh in many cases,
‘undefined reference electrodes, éhch.és platinum apd silver wires or
mercury pools were used.' Aithough many electrodes show stable potentials,
very few behave feversibly accordiﬁg to the'Nernst_equation. This
reQuirément.is essential when‘fhe reference electro&é is uéédvto meaere
thérmodynamic datg; Refeﬁence electrddés of the secoﬁ& kind aré suit;ble
for emf and activityﬂcoefficieﬁt measurements; however, a search for a
satisfactory reference éléctrodefbf_the seé6nd kind involves the quest
fbr'a salt whoéé metal ioﬁ forms é réverSiBlg electfode couple,vand:at
the same fimé ig feiativély.igsoldbie iﬁ solutions c§ntaining a'large
excess of tﬁe commonzahidp. Because of the dramatic changes in solu~
bilitiesiénd compiex»stabilities frém oﬁe solvent to the other, the
sgaréh for a-satisfgctory\refe:ehce eleétrodevisvnat an easy ﬁask, and
projections from the équeous system to noﬁaqueous‘systems are mostly
incorrect.

| The most widely psed nonaqueous réference electrode is based on the
Ag/Ag+ coﬁple. Unfortuna;ely, the réferéhce electrode of the second
kind Ag/Ag+ canégf bevusea in PC becuasé §f'the much h;éher stabilify
of the compiexes pf silver'uith,Chlorides and ot}:he’rAanions.8 As Butler
pointed 'out,8 the estaBlishment of a satisfactqryAAg/AgCI(s) reference

“electrode depends pfimarily on the equilibrium constant KS for the
v S T A 9

’

réactipn

AgCl(s) + C1™ = AgCl,” B (1-5)
The forward reaction is accelerated in the presénce of an excess of
chloride ions. If the concentration of AgClz_ is relatively high, a

liquidrjunqtion potential will result because the mobilities bf
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AgC12~ and Cl~ are not the .same. .Butlers presenté a comprehensive table
of the solubilities‘and'complex'formations of silver salts in many aprotic
solvents. - Thelequilibrium constant for reaction’l-sjin PC is‘quité high,

K = 1.0, and.means that most of the anionic spécies are AgClz_ rather

s .
2 - A
than Cl‘.89’90 The high value'of KS in most aprotic solvents can be

T : -2 ' ‘ -
explained bY'the_fact,that»AgCIZ' is more strongly solvated than Cl1 ,
which is in agreementvwith the observation that salts with 1arge anions

are more soiuble ip PC (e;g.,ClO';,BFZ"—,PF6 , A1C14f>.

The most promising refefenée‘eléétrodes of thé_second kind are those
based on Thallium'<I) salt'é.8 Tﬁalldus chloridé'is'only slightly soluble
in PC éndvdbes;not aiSSOlVe in an excess of thloridepl Earlier investi-
gatioﬁé'in fhi§f1aBofafory revealed the excellent nature of thalliumvj

amalgam (or thallium metai)—thalious-halide'electrodes in PC and

. 91,38,92

DMSO.  This'reférence electrode was épplied to the cell Li/LiX

in DMSO/TlX(s)/Tl(Hg) to detemmine activity coefficients and standard

92,93,94 _.95,96,97

potentials. Salomon used the thallium amalgam-thallous

- halide reference elec;rodes'iﬁ PC to determine activity coefficients

and standard potentials. The T1(Hg)/T1C1 electrode was found to be

98,99

reversiblé and stable in DMF . Baucke and Tob:‘Las-91 studied the

performance of T1(Hg)/T1X and T1/T1Cl in PC, where X was either Cl , Br

or I . The solubilities of T1Cl, T1Br and TI1I in_PC are in the order
6? 1X10f§ and 2><l_0'-6 M, respectively. The_éolubility products

~12.4 and 10—12'66, respectively, being

of 5%x10
of T1Cl and T1Br in PC are 10

muchzldwe: than' in DMSO, fo:,example, This is therreason for their

excellent performance in PC. A solid thallium-thallous chloride electrode

showed somewhat 1eSSAreproducible behavior than the corresponding amalgam
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electrode. _Rock,uet a1.44’45 used Tl(Hg)/TiBr reference electrode in
PC to determine the'thermodyanies of lithium exchange reactions. However,
the cell potential was somewhat eratic and irreproducible.44 Synnot and
Butler100 reported the use of Tl(Hg)/TlC1 in PC

Other reference electrodes of interest were reported oy several
. investigators and are reviewed briefly here.‘ Fried and BaraklOl studded
the "caiomel" reference electrode in PC. The followrng aystems were
tested: Hg/HgZClz (;s') / (CZ'HS) 4NC1(sat'd'.)‘ R Hg/Hg"2012(s) / (04H9) 4NC1(IF) |
and Hg/ngIz(s)/(CZH9)4NI(1F). The exchangebcurrent densities of-tﬁesev
- electrodes were~4.8x10-6, 3.7x10-§ and 4.3x10—5 A/cmz, respectively. -
Piljac and iwamoto102 investigated the mercury/mereory (I) systems:
Hg/HgOCIZ, NaCl(satd.) (CZHS)A_NCioé; Hg/HgZiz, KI; Hg/HgZSO4; and
in partrcdlar Hg/HgZClz, KC1, (CZHS)N0104 for whichdtﬁe_exchange current
density is 4.5x10-6 A/cmzt Kirowa*Eisner and Gil’eadi103 developed the Ag/Ag
| reference electrode in PC. The Ag/AgClO4 reference electrode was found

to be very suitable, easy to prepare and ‘'showed a hlgh exchange current

-5 2

A/em®. The use of this type of reference

density, in the order of 2%10
electrode is reported by Biegler and Parsons,104 who used the electrode

Ag/Ag+(0.0SnM), NaClO4(0.5 M) in their electrical double layer measurements

on mercury in PC. Caiola, et al.lo§ studied the7behavior of the electrodes

Li/LiCH3C02, Hg/HgZ(CH COO)2 and Cu/Cu(CH COO)2 in PC and DMSO. The

Li/LlCH CO behaved reversibly in PC while cupric acetate dlssolved

3
due to complex formation.
The reversible behavior of Li(s)/Li+ reference electrode in PC

received much attention, especially due to the extensive research on

lithium high energy batteries. Burrows and Jasinski33 investigated the
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reversible behavior of Li/LiClO4 reference electrode in PC.. Meihbur46’47
and Scarr48 in?gstigéted the kinetiés of Li/Li+ electrodes, and showed
that the exéhange cufrenté are in the order of 1 mA/cmz. However,
Butler, et ai.49 found fhét the exchange current of iithium electrodes
depeﬁds strongly‘dn-thé wéter content of ﬁhé solution, and decreases .
rapidlyAduring the first houf, from a value of 10.2 mA/cm2 at the first
secénd,Ato 1.6 ﬁA/cmz after oné_héur,’despite the fact that.the water
levellwas QUite_iowf(<0.001'm). Thé Li(Hg)/Li+‘reférenée electrode in

107 The kinetics of a sodium electrode

PC was investigated by Butler.
in NaC104—PC solution was investigated by Neibuhr;6o and the exchange
current density of Na/NaCl0, (1 M) in PC was 0.21 ma/cm’ at 19°C.

Anodization:of:the electrode,was'nécésséry to obtain reproducible

results.

1.8.-'E1éctrode'xiﬁetics of the Alkali Metals in PC

Thevgréét intefest in nqnaqﬁeoUs high energy Satteries produced an
increasing'nﬁmber of investigétions»concerniﬁg tbe'electrochemiéal'.
behavior 6f ﬁonaqﬁébus sqlventé; Lithium metal ié'the leading anodic
material fof high energy battefies due_td its high energy‘density.
Despite thé increasing:interest in dissolution—deposition processes,
few investigétioné_dgalt'directly with the_kinetics of the electrode.
process. ﬁqréover, most of thexligeraﬁuré deé1t>exclu$ively with lithium
systems. Althoughvthe work of Harris and Tolﬁas‘6 ingluded deposition
tests of ﬁeﬁals from cyclic'esters,vthese were mostly qualitative in
nature, and did not reach the stage of systematic kinetic measurements.

Theréléctrén'tfansfervkinetics of Li/Li+ reéction in PC was studied

by several laboratories. Burrows and Jaeinski33 measured the exchange
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current density of Li(s) in 1 M LiCl0,-PC at 28°C, using micropolarization"

4
measurements. However Vthe reported exchange current density appears too
low (0.0275 mA/cm ), probably due to, the inclusion of an ohmic drop in the-
potential measurements. Meibuh.r46 measured the exchange currents of lithium
in different LiClO4 concentrationsvin PC, at temperatures up'to 70° 9. At
28°C, for¥l‘M LiClO4—PC solution, the.exchange current,'io = 0.95 mA/cmz,
and the transfer coefficient, o= 0.67, ﬁerevcalculated from the'linear
polarization curves and from the concentration denendence of the exchange
current. bThe solutionbwas stirred by bubbling argon; and the ohmic drop
was excluded using pulse'technique.v The Nernstian behavior of the Lithium
electrode was confirmed by concentration cells;‘ The enthalpy of soluation.
at'zero polarizatlon was estimated as 8.5 Kcal/mol,-and the reaction
order Was'one, which reafflrmed the:assumption that the.charge:transfer
was the rate~determining step. In a second article;‘Meibuhr47 studied
the anion effect on the electrode kinetics of Li[hi+ in PC. The exchange
currents'for unit molarity SOlutions bf'LiAlCl4, LiPF6 and LlBF4 are
0}40, 0.29 and 0.5 mA/cmz, respectively. The transfer coefficient for

'LiAlClé.was‘a = 0.8; ‘The water content of the solutions had a major 1
influence on'therelectrode performance. AScarrés measured the kinetics
of 1ithium electrodelin different»concentrations of LiClOé in‘PC.‘ Film‘
formation, and two levels;of’activity werelobserued depending on the
pretreatment of the electrode The fllm was broken at high currents
The exchange current density of a film free electrode in 1 M L1C104 PC

" solution is 1.78%0. 33 mA/cm . Generally, good agreement was found

between Meibuhr's and Scarr's results, which are complementary, since .

Scarr worked at moderately high,currents, while Meibuhr's work is



~28—

restricted to the zone of linear current-potential dependence. Butler,
Cogley and Synnot49'studied the agihg effect on the kinetics of lithium
in LiClO4 solution in PC. Even when the solvent was quite "dry"

(<0.001l m H20),vthe_exchange current dfopped from 10.2 mA/cm2 at 1

second after the exposure'of the freshly cut lithium surface, to 1.6 mA/cm2

after 1 hour}' The éffééfﬂof water was also dramétic; the presence of
0.02 m Héo;géducgd-thgvéxghange cur;ént to 0.026 mA/cn? after one hour.
It seems‘fhéf moét‘me39uréments wéré taken on-aged éﬁrfaces;"the'exchange
currents_of fresh éﬁrf5ces'ﬁa§'have‘ho ﬁfactical meaning. The effect of
water content oﬁﬂthe behavior of lithium electrodes in LiC10435’107 showed
that LiOH wés-formedbbn the electrode during the deposition of lithium
from LiC10, solutionﬁinifC{l | | |

The anodic pélariza;i@n of_lithium in 1.0 m AlCi3 PC solution was
investigated by‘Jacksoh:and,Blomgren,108 using an interrupter and a
constant load pulse ﬁechnique.: Severe pﬁlarizatioﬁ of the concentrétion

type was obéerved, which would be caused by the formation of LiCl layer

during the anodic discharge. Suffiéient stirring removed the product,

which dissolved in AlClj solution and eliminated the severe concentration

polarization.

In a study of the anodic behavior of sodium in NaCl0, PC solution,

4
Meibuhr60 reports that the exchange current depends strongly on the Na+

_concentration. At 1 M NaClO4 and at 19°C, the ekéhange current was

0.21 mA/cm.
The behavior of lithium in related solvents is reported in several

papers. The electrochémical behavior of Li in solutions of L1C104,

KPF6, KCNS in ethylene carbonate was reported by Pistoia, et al.40’41
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Ethylene carbonate was proposed as é superior sol?ent for high energy
batteries due to its higher condpctence and lower viscosity, and due to
the better anodie polarization cheraeteristies_found for Li in_LiClOA-EC
solution.

The kihetice of Li(Hg) in LiCl solution in DMSO was reported by
Cogley andqutler.lOQ’so' The Tafel equation witﬁ cathodic transfer
coefficient o = 0.75 was obeyed over the current'density range of 10

'to_3><10--3 A/sz.- The exchange currents were in the:order of

0.1 - 1.0 mA/cm?.

.1.9. Thermodynamics of the Alkali Metals in PC
' and Related Aprotic¢ Solvents

Aquedus solﬁtiuﬁs are telieved to be very complicated'becauée of
their specific interactions and sttuctufei 1t ié oftén said tﬁat'in’
order te gain a better undeeranding ef eIectrolytic solutibné, further
work shoiild be done in nonaqueous‘solveﬁts, which have less complicated
structere. As_a;teselt; there is aistrqng iﬁterest in thermodynamic
measurements in polar.aprotie solvente, since some of them are considered
to be sttuctureless, and do net show sﬁecifiC~intereetiens ﬁith the’
’solutes. The evaluation of single ion solvation energies in nonaqueous
solvents are of.great importance since it can reveal inﬁormetion about
medium effects énd.eetablieh(a_uﬁiversaivscalelpf stenthd pqtentials.
In'additioe,'there'ie a groﬁing interest in orgenie'andjinorganiciionic
reactions in'aprotic solvents. Recent interest in the possible use of
‘aprotic solvents as a medium for high energy batteries alao prompted
‘a number of potentiometric studies of lithium salts in several promising

\

aprotic solvents.
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Thermodynamic measurements in aprbtic solvents can be divided into
two main caéegdrieszb l)vEmf:measurements‘for dbtaining Sténdafd
potentials'and‘activity coefficients, and 2) direct calorimetric
measufemehts of:énthalﬁies'of'éélﬁtion} Standard botentials can be
used fo ésfiméte.free enéfgiésvofvsolﬁation'of-individual ions. The
entfopies of solyatién of'iﬁdividual ions can bé‘estimated from either
‘the femperéturg dépén&eﬁce of.the’sténdard potentials or from the
combined free'eﬁéfgy and enthalpy measurements. Individual ionic
solvétioﬁ en£ropiesvcan'be‘interpretéd in terms‘éf Ehé structural
effects on the sdlyént.

The folldwihg_bfigf :eview'ébvers thermodynamic measurements in -
PC and relatéd aprtib-SOIQéntsg tﬁe direct Wofk in PC:is pfesentéd af
the end of thisvsection in'éfeatedeetail; Poﬁentiémetrié studies
using cells.withoutftraﬁéfefenéé lead ﬁé thé determination of standard
pofentials and of.activity coefficients. CompafiSon between different
solvents yields'informéfion on medium effects. Most of the studies
were perforﬁed iq the common ap;otic soivents: acetonitrile (AN),
formamide'(FA), N—methylformamide (NMF) , dimethyl sulfoxide (DMSO) and
propylene_carbonate_(PC).

Luksha and Cfissllo meésured élgctrpde potéﬁtials fof cells of
the type M(Hg)/MX, NMF/AgX/Ag in NMF,there M is Li, Na, K, or Cs and X
is either Cl_ ér Br . These bdtentials were used to evaluate standard
potentials for cells of tHe t&pe M/MX, NMF/AgX/Ag for which standard free
energies of forma;idn and activity coefficients of LiCl, NaCl,lKCl,

CsCl and NaBr in NMF were obtained. The free energies were used in

conjunction with previous heat of solution data111 to obtain the standard
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partial molal entropies ofvthevcorrespondingielectrolYtes. Thermodynamic
properties of some alkalivmetal halides in N, N-dimethylformamide (DMF)

were measured and calculated by Held and,Criss,llz'end by Criss and

Luksha.l13 The entropies of solvation and the partial molal entropies

of aikali metal and halide ions were estimated'in DME; A compilation

of partial molal entropies of 1:1 electrolytes in seven nonaqueous

solvents.islpresented by Criss,_et 51.114 The ionic entropies were

v estimated and their reiationship to tne strncture of the electrolytic
solutions was discussed. -Butler'end Synnott98 measured potentials of

the cell Li(Hg)/LiCl, DMF/TlCl(s)/Tl(Hg) in DMF. LiCl concentration
~varied fron 0.001 to 2.0 m. 'The standard ootential free energy, enthalpy
and entropy for the reaction Li + C1 + Tl(s) ~ L1(s) + T1C1l(s) and

for the reaction L1 + Tl(s) > Li(s) + Tl 1s well as activ1ty coefficients
for LiCl in DMF, were obtained. Ton pairing between Li ‘and Clv was found
to be'weak, and the Guggenheim equation gave the moSt accuratevempirica1:
description of the actiVity coefficients; Measurements by the emf methodvy‘

. for the act1v1ty coefflcients of LiCl 1n DMSO were reported by" Smyrl and

109,115

Toblas92 and by Butler, et al. The agreement between the two

works is quite good although two other measurements of the activity

coefficients of LiCl in DMSO by the freezing point method 116, 117 show

-wide disagreement, It seems that the -emf resnlts.are more reliable.8

Salomon measured the thermodynamic,propertiesiof LiBr and LiI in DM8093’94

using the emf method-with thallium amalgam/thallous hslfde reference

electrode.

118, 11 19 méasured the‘emf of‘éhé cell Pt, H /HCl/

Agarwall and Nayak

I
AgCl/Ag 1n_formam1de. The standard potent1a1 the actlvity coefficients
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and the standard thermodynamic values AG°, AH° end AS® for the cell
reaction were determined. The potentials were determined by extrapolation
to zero time, since the measured potentials dropped slowly with time.

This was believed to be the result of a decomposition of the solvent,

and the extrapoletion to‘zero time corresponds to zero decomposition of
the solvent} The.standar& potential of'Ag/AgCl eiectrode in formamide

was evaluated by.the'emf'method, with respect to the normal hydrogen

electrode.120 Similerbmeasurements as well as the solubility prodnct

and equilibrium constant for AgCl in formamide were reported elsevhere. 2t

Again, the emf values were extrapoleted to zero time because of the

decomposition of the solvent. The activity coefficients of LiCl in

acetonitrile were measured by the emf method by Spiegel and Ulich.-l22

Solute-solvent interactions in acetonitrile and the evaluation of relative

activities of cationsiand anions in"acetonitrile are reported by Coetzee

and Campi 123 121

Enthalpies of solution are of interest in calculatlng individual
ionic entroples, as well as for obtainlng temperature coefficients of

cell potentials. Enthalpies of solvation were obtained mostly by direct

calorimetric measurements in-formamic_le,lzs’126 N-methylformamide,

(Refs. 125,111,112,127,128) dimethylformamide,lt?+112:129 101305125

and propylene carbonate,125s72,13

In a series of papers, H. L. Friedman and his co-workers estimated

the enthalpies of transfer of ions from water to PC;72’13l The individual

ionic enthalpies of transfer were estimated using the method of Latimer,
Pitzer and Slansky;132 Ton associations in PC were checked by conductance

measurementS.72 Regularities and specific effects in enthalpies of
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" transfer of ions from water to PC, DMSO, FA and N-MF were discussed by

Friedman)'133 The trend of the halide ions is thefsame in each case,v

while aivarying trend“of the alkali metal ionsdreflects differences.in
.solvent basicity. The basicity-of.the.solvent:is suggested to be in

the order PC<FA<DM§O<N4MF.' The assumption that'PC is' a nearly ideal
solvent for ionsAis:discnssed in light oféthe disagreement with the Born
equation, although the agreement is better for Pé than for water. A

summary of the solvation enthalpies of various ions in water, PC and DMSO

is presented by Krisnnan‘and Friedman.134 ‘Again thevlarge enthalpies
of transfer from DMSO to PC are related to the difference in basicity

of the two solvents.v Solvation enthalpies‘of nonelectrolytes, mostly
alcohols and hydrocarbons were measured in water PC .and DMSO. 135

_‘Enthalpies of transfer of various 1: l electrolytes from PC to methanol
and DMF are presented elsewhere.136“ Solvation enthalpies ‘'of hydrocarbons
_and normal alcohols in several highly polar solvents, including PC, are

reported by Krlshnan and Fried:nan.]',:sTi

':The»extensive work of M. Salomon on the thernodynamics of ion

solvation in PC is presented here in more deta11 because of its direct

relevance to the‘present work. The thermodynamlcs of LiCl and LiBr,95

Na 96 LiI and K197 were measured by the emf’method The potentials of

e
the cell—type' D4/MX in PC/TlX(s)/Tl(Hg) were measured where M represnets
t'Li Na and K, and X represants cl” s Br and I}.A Inuthe case of the»
.potassium system, potassium amalgam‘replaced’tne'metallic'potaSSium,‘
and the data was corrected for the free’ energy of formatlon of the
»amalgam, The measured enf was converted to the emf of the cell M/MX in

138

A-PC/TlX(s)/Tl(s) using the_data of Richards'and DanielsA. for the emf's
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of the thallium amalgam cell Ti/T17/T1(Hg). The standard potentials
were obtained by extrapolation to infinite dilution following Guggenheim

equation150

e,

--1n.Y.i = -7—37§-+ 2 Bm : (1-6)

. -lfm
The thermod?ﬁéﬁié'quantitieszG°;bAH°; and Aé° for the cell reactions were
calculated from‘the éfaﬂdé?dvpotentiais and their temperature.dependence.-
The resﬁlts éré.éummarized in Table 1-7. The molal activity coefficients
for the alkéli‘métai halides in PC were_caléﬁlatédiﬁsing the extrapolated
standard potentials;' it”should be mentioned here that Salomon made a
mistake iﬁ the théllipm aﬁAlgam correCfions in hié’ﬁﬁrk with LiCl and

LiBr in PC.7°

The'cprreétions at 25°C for thallium émalgam compositions
of 3.147 andv7.762w£ afe 112;5 and 78.6 mV respectively, as is evident
from the wak-of_Daniéls:and,Richards, and not 135;34 and 94.6 mV as
reportéd by Salomon}95. The results obtained on the other systems studied |
by Salomon canno; be che¢ked, as detailed data is not-availabie. Téble
7—l»gives‘the corrgctgd'resﬁlts. ”Hoﬁever, the uncorrected resuits are
given (iﬁ parenthéSes), siﬁce tﬁere is a possibility that the amalgam
compositions wefe in efror rather than the corresponding emf corrections.
The calculated fréevéneréiesfénd enthalpies of soivation for various
salts in PC are givenvby Sé.lomon.139

The main observations and conclusions from Salomon's emf work are
the following:

1. The order in the series of standard potentials of the alkali

metals in PC does not follow the order in aqueous solution. Potassium

has a higher standard potential in PC than lithium, while sodium has
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Table 1-7. Thermodynamic quantities for the general
cell M/MX-PC/T1X, Tl at 25°C.

Cell ' E° (volt) = -AG° ~AH® -AS®

Li/LiCi-PC/T1Cl, T1  1.85080 42.690 = 50.730 - 26.98
(1.83480)  (42.312)  (50.354)  (26.98)
Li/LiBr-PC/T1Br, T1  1.84223 42,490  49.746 . 24.35

(1.81939) (41.962)  (49.156) 24.35

Li/LiI-PC/TI, TL = 1.8452 42.55 © 50.01  25.03
Na/NaI-PC/TII, TL  ~ 1.6188  37.33 43.02 19.09
K/KI-PC/T1I, T1°  ~  1.934 44,61 49.31 15.77
Takeh_froﬁ Salomon.gs’%"g7

Units are based on molal scale; AG®, AH® are in Kcal/mole; AS® is
in cal/mole °K.

.,Values in parentheses reported by Salomon95 in error. (See text)

the lowest standard poteﬂtial among~tﬁe alkali metals.
| 2. . Potassium was fouhd'tobbevreactive toward PC.

3. The potentials of the LiCl and LiBr cells tailed off the
Guggenheim plots at low molalities. This phenomenon was observed by
others in oM50°8292 and in NMF.llo . Symrl and Tobias38 explained the
deviations from the Guggenheim'equation by the solubilitp of TiX in
DMSO, which can cause concentration éradients actoss.the cell, resulting
in a lowering of’the observed emf; »Salomongs'attempted to explain the
ohserved deviations in PC as possihle reactions between the solvent and
the lithium electrode. The solubility products of T1Cl and T1Br in PC

12.4 -12.66 o |

are extremelyvlow, 10 ~°* ‘and 10 ,’respectively, and cannot be

responsible for large liquid junction potehtials.
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4., Anions are poori& ébl?atedvin PC; the-sélvétion-of anionsv
increases frém'le to I . This beha§ior is:oppo;ite to that found in
water. | |

5. vLiCl and LiBr éfe éssociafed'in PC solutiohs. LiCl shows strong

'ion—paiéing éffects,'és éan.be~seen from the 1arge'negative éonétant
in the Gugggnheiﬁ ed@ation. _Hoﬁévef, LiI, NaIl aﬁd KI do not show any
signs of ion assbciafion, |

The éhermodynémics 6f-siﬁgle iqn SOivatién in PC and water is
5ummarizéd by'Salbmoﬁ.l39 The free énergigs éﬁd enthaipiés of solvation
of indiVidual ions were,évaluated ffom'the correéponding vaiues of the
salts, and'by extrapolétionv(to.ihfinite ionié-radihs) of the piof of
the differenceéqu cgtion and anion conventional énérgies vs._l/f. This

method 6f §p1ittin§.the:sol&étibh energiesﬂintdvindiviéual ionic
contributions is édvantageous, according toVSalomén, over the.traditional
method of Latimer; Pitzéf_aﬁd Slansky}32 thcﬁ introdﬁces avsingle
adjusting‘parameter to the Born equafioh. fhevindividual'free energies
and énthalpies'of sol&ation'aré:of fundamental impdrténce, since they
represent the.ionféolVent interactions. Table 1—8‘presents selected
free energies and enthalpies of solvation of individual ions in PC
and'water,‘as well asrthé free_energieé and enthalpies of transfer from
watér to PC. |

Cogley, Butler and Gruhwald140

studied the selectiﬁe solvation of
ions by water in PC. The equilibrium constants for the association of
water with individual ions were obtained under a relatively mild set of

extrathermodynamic assumptions, from protic magnetic resonance (chemical

shift) measurements. The affinity of water at low concentrations in
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Table 1-8. Energetics of single-ion solvation
in water and PC at 25°C.

PC - H,0

Ion. v -AGsoiv.o —AHsolv.o —AGsolv.o ._AHsolv.0 AGt0 AHto
it 950 106.2  97.8  107.6  +2.8 +1.4
Nat 71.9 80.5 72.4  80.2 +0.5 -0.3
k' 56.6 64.4 . 54.9  60.2 -1.7  -4.2
Rb' 54.5 58.1°  50.7 53.1 -3.8 -5.0
cst 52.7 51.8 46.7 46.1  -6.0  -5.7
AgT 85.4 96.3 87.9  96.0  +2.5 -0.3
1t s6.7 J— 56.9  62.0  40.2 ———-
c1” 88.2 101.4 - 100.3 -  106.0 . +12.1 +4.6
Br 84,0 196.4 9.2 101.6  +10.2  +5.2
I~ 78.0 91.2°  85.7. 88.8 +7.7  -2.4
c10,”  ——  59.8  -—= . 562 == -3.6

Taken from Salomdn.;39 Units are in‘Kcallmole;

PC for alkali‘meﬁal cations éorrelatedeeli with the free energy of
transfer of ‘these ions froﬁ PC to bulk water. . : i

Pa_rker141 giveé an extensive review on the protic-dipolar aprotic

solvent effects.dn rates of organic bimolecular reactions. The obser- LA
vations that dipolar'aprotic éolvents are excellent media for many d
ofganic reactions are explained by positive free_energies of transfer
of‘anions. The review contains extensive and'veryruseful information

- on the solvation of ions in aprotic solvents and on the solvent activity

e

coefficients (medium effects).
On the general subject of solvation of individual ions in nonaqueous '
solvents, the reader is referred to the view of,Popovych.142 The commonly

used extrathermodynamic assumptiohs were'critically reviewed, and the
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establishment of universal sqlventnindependent scales for ion activities
and elect;ode potentiaié was discussed. The review by Butler8 on referencé
 electrodes iﬁ aprotic solvents contains very uséful dafa concerning
standard pdténtials, activity-coefficients éhd other thermodynamic data.
This réﬁiew'céntéiné an excelleﬁt list of réferenéés:

- 1;10;"D§uble—Layer Capaciﬁy Méésutements in PC
143 B |

Préliminary'measurementé by”fayne on the capécity of the elecﬁrical
double-layer of a meréury electfode'in‘O.lvﬁ K?Fé in PC and related
sol&énﬁs, revealed the presence of a hump in the.capacity—pbtential cﬁrve.
These results sh§w.cléarly that the capaciﬁy hump is not a unique property
of gqugoﬁé'sélutions,'és was widély thought forrmany &ears. Furthermore,
the hump can occur'gi§b in $o1vénts of only moderatély high dielectric “
constaﬁts,vand is not téstricfed dnly to high dieleétric congtant solvents.
The humpvmight Bé_dﬁé to a minimumtin the orientation polarization of the
adsorbed solvent‘diﬁbles occurfing at the poténtial,where their preferred
orientation is re&éréed b& the'ekternal field. Since the hump in PC and
other éprotic solvents occurs on the anqdic side of the électrocaﬁillary
maximum (ecm), thg preferred orientation of the solvent dipole should be
positive apd toward the metal.‘ Howeﬁef, there is a possibility that the
hump is reiated tb the adsdrbtiqn of anions, since it occurs on the .
positive side of the’pointrof zero change (ecm). To illuminate tﬁis
point,rBiegler and Parsons1o4 made further measurements on the capacitance
of mercﬁry electfode‘in NaClOA—PC éolutions. The_diffusion'layer minimum
is visible at concehtrations as high as 0.1 M, and this observation suggests

that anion adsorbtion is very weak. The agreement between the experimental

and the calculated results under the assumption of the absence of specific
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ads;rption, proVéd that the specific adsorption of anions at the lower
positive charges is low. Thé humﬁ is again suggestéd to be the result
of solvent reorientatién rafher than anioh adsorption. On the négative
side of the point of zero charge the cépacity becomes almost independent

of NaClO, concentration. The zero charge potential for 0.1 M KPF6 in

4

PC is -0.33 volts vs. nce. The electrical double layer in nonaqueous

solutions was reviewed recently by Payhe.144
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II. EXPERIMENTAL
Thé experimental‘étudies of the electrochemical behavior of the
alkali metals in propylene carbonate are di&ided.into five categories:
1. Solubility and déppsition measurements of the alkali métals from tﬁeir
salt solutions in PC.
2."Héasurement of’fhe.pdtentials of fﬁé alkali_metals.using a cell with-
ouﬁ'traﬁsféfendé. . | | - | |
3. The electrode kiﬁéticsvof the alkali metals éﬁd fheir amalgamsvin -
a;kali'ﬁet51 chlorides in A1c13v(1 m)—PC-sélutiéns;:
4. ConductanceAméasurémenté of the‘alkéli metal'éhlqrides in AlCl3 (1 m)-PC
soldtioﬁs. | | | . |
5. Denéity meésurgméﬁts of ‘the alkali'metgl éhlori&eé in AlC1, (1 m)-PC
_ solutions. | |

2.1; "General

' 2.1-1.  Solvent Purifigggipn'

Propylehé-céfbbﬁ#te'(Jefferédh‘Chemibél Compéﬁy,"Hquston, Texas).ﬁés
distilled at 0.5 mm Hg by means 6f'g cbmmeréially]available'distillation
column (SémiﬁCAL éeries 3650, Podbielniak,bFranklinvPark, Illionis) packed
with stainlesé.stéelfﬁelices. The reflux ratio wés 60 to 100 and the head
.fempefatﬁrevﬁséc,u-The first lb%'and the last 252 of the sélvent were
discarded. The feceivér System'of_the column Wasnrébuilt with glass drip
tips and neédlé'value stépcocks (Delmar Scientific Laboratories, Inc.,
Maywood, Illinois) gguipped»with teflon "o" rings.‘ Argon gas was bubbled
through the.solveﬁt dufing distillation. The coilection vessel was.ﬁot
detached from thé‘COlummg the sblvént'was discharged directly into the

dispensing vessel: The transfer was done under argon atmosphere. The
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dispensing vessel was evacuated on the vacuum line to approximately 50u Hg,
closed tightly and transferred into the glove box.

The "as received" solvent contains a few tenths of a percent of the
following impurities: water, propylene glycol, propion aldehyde, propylene
oxide.145 Gas chromatographic analysis of the product performed in this
laboratory showed the water content to be always below 50 ppm. Typical
gas chromatographic analysis is shown in Fig. 2-1. The presence of a
second impurity at a very low concentration was identified as propylene
oxide, and its concentration was estimated below 1 ppm. Figures 2~-2 and
2-4 show gas chromatograms of samples which were deliberatly contaminated
with water and propylene oxide, respectively. Figure 2-3 shows that
molecular sieves are ineffective in removing propylene oxide from PC.

2.1-2. Glove Box Operation

The vacuum glove box was a Lawrence Livermore Laboratory
design. It was equipped (see Fig. 2-5) with an antechamber, glove ports
for one operator and an oil vacuum pump capable of evacuating the box to
a few microns pressure. It was maintained under dry and oxygen-free argon.
The atmosphere of the box could be replaces by evacuating it and refilling
it with argon. The argon was passed through two magnesium perchlorate
columns in order to remove moisture, and then through two columns of BTS
catalyst to remove oxygen. The Mg(ClO4)2 was replaced periodically, and
the BTS catalyst was regenerated periodically be reducing the CuO by a
stream of hydrogen accompanied by heating. The water content of the inlet
argon stream was measured by Moisture Monitor (Consolidated Electrodynamics
Corporation, Model 26-303 ME) and was found to be below 1 ppm. The box's

argon atmosphere was replaced once a week. Alkali metals exposed inside
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the glove box kept shining surfaces for at least a day. Figure 2-5 shows
a general view of the glove box. All chemicals, solvents and solutions
were kept covered and closed inside the box. During the time the box
was not used and at nights, the glove ports were tightened and evacuated
from the outside to minimize diffusion of moisture and air through the
gloves. The gloves were made of neoprene. A small balance was used
inside the glove box to prepare solutions and amalgams.

2.2. Solubility and Deposition Studies

2.,2-1. Solubilities

The investigation of the feasibility of the deposition of the alkali
metals from PC started with a search for a common anion which would permit
high solubilities for all the alkali metals in PC. Solubility measurements
revealed that all the chlorides, except LiCl, are quite insoluble. Of the
bromides, only LiBr and NaBr are soluble. The iodides of rubidium and
cesium are insoluble. The perchlorate series revealed that only lithium
and sodium perchlorate are highly soluble. Of the tetrafluoreborates
only LiBF, and NaBF, are soluble. From the hexaflurophosphate series,

4 4
LiPF6, NaPF6 and KPF6 are soluble, while R.bPF6 and CsPF6 are practically
insoluble.
The only common anion which yielded high solubilities for the entire

alkali metal series was the chloride-~aluminum trichloride complex:

MC1l + A1c13 -+~ MAlLC1 4 (2-1)

where M is any alkali metal. It was found that in the presence of A1C13,
which itself is highly soluble in PC (above 3 mole/lit.), the solubilities
of the alkali metal chlorides rise to 1l:1 ratio, except for NaCl. The
solubility of NaCl is approximately 0.5 m in the presence of AlCl3 (1 m)

in PC (1:2 ratio).
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2.2-2. Electrodeposition of the Alkali Metals

Electrodeposition experiments were conducted in an H type cell, the
two compartments being separated by a fritted glass. The anode and the
cathode were made of platinum foils attached to platinum wires and were
immersed in the solution. The area of the electrodes was approximately
1 cmz. Constant current of 1 mA was applied and the cathode was observed
for the nature of the deposit. The solution was stirred during the
experiment by a small magnetic stirrer.

The experiments were qualitative in nature and were conducted in
order to screen the possible electrolytes. All the electrodeposition
experiments were conducted inside the glove box under dry argon atmosphere.
A constant current power supply (Model C 612 Electronic Measurements) was
used and the applied potential was measured by an Electrometer (Keithly
Model 601).

2.2-3. Cyclic Voltammetry Measurements

The reversible behavior of the alkali metals and their amalgams in
PC solutions was tested by the cyclic voltammetry technique, in which
the potential between the working and the reference electrodes was scanned
linearly around the equilibrium potential, both in the cathodic and anodic
directions. The solutions were stirred during the experiments by a small
magnetic stirrer. A slow sweep technique was used, for which the non-
faradaic component of the current was very small. Because the sweep rate
was in the slow range of the order of a few millivolts per second, and
the solution was stirred, the technique is actually a polarization
experiment in which the potential is scanned linearly and slowly instead

of being increased manually, point by point. A block diagram of the
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experimental apparatus is shown in Fig. 2-6. Triangular potential
waveform was generated by a Waveform Generator, Exact Model 100, connected
to a Wenking Potentiostat. The current was recorded versus the scanned
potential on an oscilloscope (Tektronix Oscilloscope) or on a fast X-Y
recorder (Autocraft X-Y Recorder, Mosley). The working and the reference
electrodes were identical in most cases, except when the working electrode
was made of a clean platinum foil.

2.2-4. Electrodeposition of the Alkali metals in a Rotating Disk System

The electrodeposition of the alkali metals at relatively high current
densities was investigated using a rotating disk system, especially
designed for inert atmosphere conditions.146 The rotating disk system
is shown in Fig. 2-7 and the general view of the cell is shown in Fig.
2-8. The disk electrode is shown in Fig. 2~9. The disks were made of
teflon, and the central electrodes were made of platinum, stainless
steel or nickel. The area of the electrode was about 0.0l cmz, and the
rotation speed varied from 0 to 3600 rpm. The electrodeposition experi-
ments were conducted under a stream of dry argon, with the rotating disk
serving as the cathode, and an amalgam of the particular alkali metal
serving as the anode. A reference electrode was placed in a separate
cell connected to the main cell by a small capillary. The tip of the
capillary was in the plane of the disk, at 2.4 cm from the center. The
reference electrode was made of the corresponding alkali metal, or an
amalgam of identical composition to the counter electrode. The measurements
were performed by a Wenking Potentiostat, where constant potentials were
applied between the working and the reference electrode, and the resulting

currents were read from the potentiostat dial. The currents were varied
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up to 5 mA, which corresponds to current density of 50 mA/cmz, a practical
condition for a commercial electrolysis process. The ohmic drop was
excluded from the total overpotential by a current interrupter technique,
where the immediate drop in the potential was attributed to the ohmic
resistance of the solution between the working electrode and the tip of
the reference electrode's capillary. The pulse technique is described

in detail in Section 2.4-1. The ohmic drop was calculated also according

147,148 using experimentally determined

to the method of Newman and Hsueh
values of the specific conductivities of the solutions. When the Luggin

capillary is located in the plane of the disk, the resistance of the

solution between the working electrode and the Luggin capillary can be

expressed as - .

tan_lk
o

R==Tx (2-2)
(o]

where

1/2

Ao = (r/ro -1 at z = 0 , and (2-3)

r is the radial distance to the Luggin capillary, and r, is the radius
of the disk. In the present case, r = 2.4 cm, r, = 0.33 cm and the
ohmic resistance as a function of the solution conductivity is given by:

R = 1.8034/k ohm . (2-4)

The ohmic resistances were calculated for each particular solution, and
were found to be in good agreement with the IR drops obtained by pulse
technique. The specific conductivities of the solutions of the alkali
metal chlorides in AlClB—PC are in the order of 6X10—30hm_lcm_l. Sub-

stituting this value in Eq. (2-4) gives resistance in the order of 300 ohm,

which is the order of magnitude of the resistance obtained by the pulse
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, 2=10. IR drop determination in the rotating disk cell

using a current interrupter technique. Deposition of

Li on a stainless steel disk electrode Ifrom LiAlClu(Lm)-PC
solution at 25°C.

I =0.75mA

Vertical scale: 50 mV/cm. Horizontal scale: 1 msec/cm.
Calculated ohmic resistance: R = 280 ohn.
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technique. The general agreement between calculated and experimentally
obtained ohmic drop indicates that the resistance of the electrodeposited
metals was quite low. Typical oscilloscope trace of the potential drop
during a current interruption for the case of electroreduction of Li from
1.0m LiAlCl4 PC solution is shown in Fig. 2-10. The cathode in this case
was fabricated of stainless steel.

2.3. Potential Measurements

2.3-1. Electrolytic Solutions

All solutions of the alkali metal chlorides in AlCl3 (1 m)-PC were
prepared by weighing the salts and the solvent inside the glove box.

The 1.0 molal solutions of A1C13 in PC were made by adding the salt very
slowly to the solvent, since the heat of solution is very high. The
AlCl3 in PC solutions were prepared inside the box under argon and were
cooled with chloroform—carbon tetrachloride-dry ice bath mixture. Care-
less addition of AlCl3 to PC resulted in a brown solution; this occurred
particularly when the salt was not a fine powder, but rather in small
granules, which upon addition to PC resulted in local heating and
darkening of the solution.

The alkali metal chlorides were dried inside a vacuum oven (Hotpack,
Philadelphia) at 200°C and approximately 50p Hg for at least 24 hours.
The amounts needed for the specific molalities were calculated each time
from the weights of the solvent. Stirring for a few hours was required
in order to achieve complete dissolution of the alkali metal chlorides.
The final solutions were treated with molecular sieves (Linde 4A) in
order to remove traces of water introduced by the salts. The molecular

sieves were treated before use by heating (300°C), high vacuum and several
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flashes with argon. This procedure was found effective in further
removing traces of water and therefore increased the stability of the
alkali metals during the potential measurements.

2.3-2. Reference Electrode

After the alkali metal chlorides in AlCl3 (1 m)-PC solutions were
selected as the most promising systems, a search began for a suitable
reference electrode of the second kind which would be sensitive to
chloride ion.

The most widely used nonaqueous reference electrode is based on the
Ag/Ag+ couple. Unfortunately, the reference electrode of the second
kind Ag/AgCl cannot be used in PC because of the much higher stability
of the complexes of silver with chloride and other anions.

The most promising reference electrodes of the second kind are those
based on thallium (I) salts.3 Thallous chloride was found to be only
slightly soluble in PC and does not dissolve in excess of chloride.
Earlier investigations in this laboratory revealed the excellent nature

7,8

of thallium amalgam-thallous halide electrodes in PC6 and DMSO. This

reference electrode has been applied to the cell Li/LiX(DMSO)/T1X(s)/T1(Hg)
in order to determine the standard potential of the cell and the activity

11,12,13

coefficients of LiX in DMSO. Salomon used this reference electrode

to measure standard potentials and activity coefficients of alkali metal
halides in PC. T1(Hg)/T1C1l electrode was found to be stable and reversible
in DMF.98

The performénce of T1(Hg)/T1Cl electrode in PC was reversible with
good stability. The solubility product of T1Cl in PC is Ksp = 10-12°4,3

extremely iow even when compared with other aprotic solvents (e.g., for

DMSO K - 10"'6-26)‘9
sp
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Having established that the alkali metal halides AlCl3 (1 m)-PC
combination was stable toward the alkali metals, and that the reference
electrode T1(Hg)/T1Cl showed rewersible behavior and very small bias
potentials (always below 1 mV), emf measurements began on the behavior
of the alkali metals in their chloride solutions in AlCl3 (1 m)-PC. The
experiments consisted of measuring the potential between the alkali metal
and the reference electrode in various alkali metal chloride concentrations
in AlCl3 (1 m)-PC solutions. Measurements were made at 25° and 385°C.

2.3-3. Preparation of T1(Hg)/T1Cl Reference Electrode

The thallium wire used for preparation of the amalgam was 99.999%
pure (United Mineral and Chemical Corp., New York). The oxide coating
on the metal was removed by successive washing with oxygen-free distilled
water under argon atmosphere. The washing apparatus is shown in Fig., 2-11.
The rinsing and drying of the thallium wires was performed by alternatingly
raising and lowering the water level. The shining Tl was transferred
directly into the glove box without exposure to air. The resulting
silvery white metal dissolved readily in mercury. The amalgam concen-
tration was prepared by weight. The thallium amalgam was then placed
inside the electrode cups containing about 5 ml of the amalgam, exposing
around 1 cm2 of shiny surface (see Fig. 2-12). The amalgam surface was
then covered with a thin adherent layer of fine T1Cl. The electrode was
gently shaken in order to get a complete and uniform coverage of the
surface.

The electrical connection to the amalgam was through a platinum lead
which was connected to a tungsten wire. All the conmections and leads

were overlaid with uranium glass for a vacuum tight seal. The platinum
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tip was immersed well beneath the surface of the amalgam to prevent
creeping of the solvent between the amalgam and the glass. The mercury
used was triple distilled.

2.3-4. Preparation of the Alkali Metal Electrodes

The preparation of rubidium and cesium electrodes was different from
the rest of the alkali metals, since they are liquids at slightly above room
temperature. Lithium, sodium and potassium electrodes were all prepared
in a similar way. Wires of the metals were cut inside the glove box,
the oxide layer was removed by a clean blade and the wires were rinsed
with the solvent. The wires were connected to the alkali metal electrode
holder (s-e Fig. 2-12) by a stainless steel connector. Electrodes which
did not keep a bright surface were discarded. The connectors were always
kept above the solution level.

The electrodes for Rb and Cs were prepared by heating the capsules
of these metals to above their melting points 37° and 28.5° for Rb and
Cs, respectively) and pouring the liquid metal into heated cup electrodes
similar to the electrodes used as references. The cups were preheated
to prevent solidifying of the metal on the edges of the cup. In this way
the area exposed to the solution was calculated from the dimensions of
the cup. The sources of the alkali metals are listed in Appendix III.

2.3-5. Preparation of the Alkali Metal Amalgam Electrodes

The alkali metal amalgams were prepared by combining weighed quantities
of the appropriate alkali metal and mercury. The mercury was triple dis-
tilled, and the sources of the alkali metals aré listed in Appendix III.

The amalgams were washed with PC and filtered directly into the cup

electrode through a capillary glass tube. In some cases, the amalgam
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compositions had to be adjusted to specific values in order to match the
only data available in the literature. This was done by diluting the

amalgams to the specified concentrations. The platinum leads were kept
well below the surface of the amalgam to prevent possible decomposition

of the amalgam and consequent errors in the measured potentials.

2.3-6. Cell for Potential Measurements

The cell used for potential measurements, shown in Fig. 2-13, was
developed eaflier by Smyrl.92 In this six compartment cell, each com-
partment 1is connected to the central one by a narrow pipe. The cup
electrode for the thallium amalgam-thallous chloride reference electrode
is shown in Fig. 2-12. A platinum lead projects into the cup and is
connected to a tungsten wire which is in turn connected to a platinum
lead on the exterior of the assembly. The tungsten and the connections
to the piatinum are overlaid with uranium glass for a vacuum tight seal.
Only platinum is exposed to the amalgam in the cup and it is immersed
well beneath the surface of the amalgam to prevent contact with creeping
solution. The electrode holder for the solid alkali metals (Li, Na, K)
is shown in Fig. 2-12. The alkali metal wire was attached to the platinum
wire by a stainless steel connector. Alkali metal amalgam electrodes
were prepared by pouring the amalgams into cup electrodes similar to
those used for the reference electrodes.

Rubidium and cesium electrodes were prepared by heating the capsules
in which these metals had been received, and the electrode's cups, and
then poring the liquid metals into the cups, well above the platinum
leads. Lithium was obtained as 1/8 in. wire and was rinsed with the pure

solvent. Sodium and potassium were obtained in the form of ribbons and
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Fig. 2-12. Six~compartment cell for potential measurements.
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A - Reference electrode
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C - Alkali metal amalgam electrode



-61~

IM-2453

partment cell for potential measurements.

i

Six-com



-62-

were extruded through a stainless steel extruder of 1.13 cm diameter,

and then were washed with the pure solvent. All the alkali metal electrodes
kept their shining surfaces during the measurements. Electrodes which
turned grey or black after heing immersed in the solution, consequently
giving erratic potentials, were discarded.

The arrangement of the electrodes was the following: For every
measurement there were two reference electrodes, two alkali metal elec-
trodes and two alkali metal amalgam electrodes of identical composition.
The cell, the electrode holders and the cup electrode, beside all
volumetric flasks and glassware, were cleaned prior to each experiment by
concentrated nitric acid and were rinsed several times with distilled
water. Periodically the cells were cleaned with concentrated sodium
hydroxide, dilute sulfuric acid and distilled water. Occasionally the
cells and the cup electrodes were cleaned with an ultrasonic vibrator
to remove solids from the glass. All glassware was dried in a vacuum
oven at 50 microns and 200°C for at least 24 hours and then transferred
quickly into the glove box.

2.3=7. Assembly of Cell

The six compartment cell was filled with approximately 100 cc solution
of a sﬁecific concentration of the alkali metal chloride in AlCl3 (1 m)-PC.
Thallium amalgam was dispensed into the cup of each of the two reference
electrodes, a small amount of T1Cl was spread on the surface, the ground
joints were lubricated, and the reference electrodes were inserted into
the cell. The alkali metal amalgam was then dispensed into the cups of
each of the two cup electrodes and was inserted into the cell. The alkali

metal wire was cut, connected to the stainless steel holders and inserted
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into the cell. The cell was then closed and removed from the glove box.
The cell was next suspended in a constant temperature water bath for
potentiometric and kinetic measurements. The measurements were done at
25°C and 35°C.

The water haths were thermostated at 25° and 35°C to *0.01°C. The
baths were agitated by circulating pumps and mechanical stirrers. The
bath temperature was measured with Beckmann differential thermometers
which had been calibrated against National Bureau of Standards thermometers.
The thermostats were Sargent Thermonitor, Model S, E. H. Sargent Co.,
Chicago, Illinois, and Resistotrol, Shell Development Design, Hallikainen
Instruments, Berkeley, California.

2.3-8. Cell Potential Measurements

Measurements of the cell potentials were taken with a John Fluke
Model 887--A differential voltmeter (accuracy *0.005 mV) which was
calibrated against an Eppley Laboratory, low temperature coefficient
standard cell.

The measurements began 15 minutes after the suspension of the cell
in the bath. Measurements included:

(a) Cell potentials between the alkali metal electrodes and the
reference electrodes.

(b) Cell potentials between the alkali metal amalgam electrodes and
the reference electrodes.

(c) Potentials between the alkali metals and their amalgams.

(d) Bias potentials between the two alkali metal electrodes, the two
alkali metal amalgam electrodes and the two Tl(Hg)/TlCl'reference electrodes

The potential measurements were repeated each 30 minutes for the first
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few hours and then were recorded several times each day for at least
one week. The cell was then transferred to the 35°C bath and identical
measurements were taken. The cell then was transferred back to the
25°C bath and the first series repeated.

Micropolarization measurements were conducted during the potential
measurement.period. The alkali metal electrodes were polarized in both
cathodic and anodic directions and the reversibility of the electrodes
was checked.

2.4. Electrode Kinetics Measurements

2.4-1. Elect%odes Kinetics of the Alkali Metals

The micrépolarization measurements of the alkali metals were per-
formed in the%same six-compartment cell where the cell potentials were
measured. Thé galvanostatic experiments were conducted between two
alkali metal électrodes where the centrél one served as the working
electrode. The central working electrode was prepared in the glove box
by sealing an approximately 5 cm long portion of a bright alkali metal
wire, in epoxy resin. The end of the wire, not sealed in epoxy resin,
was used for an electrical contact by attaching it to an alligator clip
(see Fig. 2-12). The other end of the coated wire was cut at a right
angel to the wire to expose fhe bright alkali metal surface, with an area
equal to the cross sectional area of the wire. The other alkali metal
electrodes Qere simply the original bright wires. 1In the cases of
rubidium and cessium, the working electrodes, as well as the counter
electrodes, were prepared by poring the molten metals into cup electrodes,

as has been described in the previous section. The solutions were stirred

during the micropolarization experiments by a small magnetic stirrer at
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the bottom of the central cell, just under the electrode's surface. The
stirring was somewhat less efficient in the cases of Rb and Cs, because
the stirrer was underneath the cup, while the active surface of the
electrode was facing upward. The small currents employed insured that
concentration overpotentials were negligible, even in the cases of Rb
and Cs.

Pre-anodization was found necessary to obtain reproducible results.
The standard procedure was to anodize the working electrode for 10 minutes
at current density of 0.1 mA/cm2 prior to each micropolarization cycle.
The potential was measured between the central working electrode and one
of the two T1(Hg)/T1Cl reference electrodes. The current was increased
first in the anodic direction, then back toward the anodic direction,
then back to the equilibrium state. The current was applied by a constant
current power supply, Model C 612 Electronic Measurements, and was
measured by a Keithley 601 Electrometer. The potential was measured by
an AC/DC Differential Voltmeter, John Fluke Model 887-A. The cells were
suspended in constant temperature baths at 25° and 35°C +0.01°C. The
preparation of the electrodes and the assembly of the cells have been
described already.

Because of the relatiyely low conductivity of the solutions

-3 ~2 1

-1 -1
- 10 ohm "ecm "), it was necessary to correct the overpotentials

(10
for ohmic drop between the working electrode and the tip of the reference
electrode's connection. The ohmic drop was determined by a rapid current
interrupter technique, in which the constant current was interrupted, and
the poﬁential was traced on a fast oscilloscope. The immediate drop in

the potential was the IR drop, and the ohmic resistance was calculated by
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. 2-14. IR drop determination in the six-compartment cell

using a current
Rb/RbC1(0.10 m)
Upper picture:
Lower picture:
Vertical scale:

interruater techniqueo
in A1C1_(1.0m)--PC 25°C.

Cathodlg current, I = 1.0 mA.

Anodic current, I = 0.5 mA.

50 mV/cm. Horizontal scale:

1 msec/cn.
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dividing it by the total current. The ohmic drop was then subtracted
from the total overpotential. Rectangular wave form pulses were derived
from an E. M. Test Pulser, Lawrence Berkeley Laboratory. The potentials
were observed on a Tektronix Oscilloscope, and the potential trace was
analyzed from the polaroid prints. The oscilloscope was operating at
0.01-1.0 m sec/cm and 50-200 mV/cm. The ohmic drop was determined at four
different currents for each cell, both in anodic and cathodic directions.
The currents employed during the pulse measurements were higher than the
currents employed during the micropolarization experiments, and it has
been assumed that the current distribution remained unchanged. Typical
oscilloscope traces of the potential during current interruptions both
in the cathodic and the anodic directions, are presented in Fig. 2-14.
Currents wére in the order of 0.1-1.0 mA, and the calculated ohmic
resistances were in the order of 100-300§2. The calculated resistance
from the four measurements agreed within 10%.

The polarization experiments were conducted at different alkali
metal chloride molalities in AlCl3 (1 m)~-PC solution and at 25° and 35°C.

2.4-2. Electrode Kinetics of the Alkali Metal Amalgams

The micoropolarization measurements of the alkali metal amalgams
were conducted in a specially designed cell shown in Fig. 2-15. The
working electrode, the counter electrode and the reference electrodes
were all amalgams of identical composition. Because of the low con-
ductance of the solutions, it was necessary to design the cell in such
a way that the current déstribution across the working electrode's surface
would be fairly uniform. This was achieved by placing the working electrode

at the bottom end of a cylindrical glass cell, approximately 5 diameters



Fig. 2-15.

wliB—

9

L U

XBL725-6267

Cell for kinetic measurements of the alkali metal amalgam.
W - working electrode

R - reference electrode

C - counter electrode
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away from the annular counter electrode. The ohmic drop was minimized
by designing the tip of the reference electrode's capillary just 1-2 mm
above the surface of the amalgam. The platinum leads were kept well
below the amalgam's surfaces.

After being filled with amalgams and solution, the cell was sealed,
removed from the glove box and suspended in the constant temperature bath.
The bias potential was measured between the three identical amalgams;
it was always less than 1 mV. The galvanostatic polarization was con-
ducted using a constant current power supply, Model C 612, Electronic
Measurements. The current was measured by Keithly 601 Electrometer,
and the potential between the working and the reference electrode by an
AC/DC Differential Voltmeter, John Fluke Model 887-A. The ohmic drop
was calculated from the potential traces resulting from constant current
rectangular wave form pulses, which were driven from an E. M. Test Pulser,
Lawrence Berkeley Laboratory. The potential traces were observed on a
Tektronix oscilloscope operating at 10U sec/cm and 50 mV/cm. For each
solution the IR drop was determined at four different currents (2 anodic
and 2 cathodic) and the calculated resistence was in the order of 10-30 ohm
with up to 107 deviation.

2.5. Conductance Measurements

2.5-1. Preparation of Solutions

The.solutions were prepared in the dry box by adding weighed amounts
of the alkali metal chiorides toalm AlCl3 solution in PC. The volumetric
concentrations in mol/lit were calculated from the densities of the wolutions.

The alkali metal chloride concentration varied from O up to 1 molal, all in

the presence of AlCl3 (1 m). The preparation of the solutions was very
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similar to the procedure described for the potential measurements. The
AlCl3 salt was added extremely slowly to PC to prevent heating and
darkening of the solution. All glassware was cleaned in concentrated
nitric acid, rinsed several times with distilled water and then was dried

in a vacuum oven at 50 microns and 200°C for at least 24 hours.

2.5-2. Conductance Measurements

Conductivities of the alkali metal chloride in A1C13—PC solutions
were measured at 25° and 35°C, using an AC bridge. Sinusoinal signals
at 20 kHz and amplitude of around 15 volts were generated by an AC
Generator Detector, Model 861 A, Electro Scientific Industries, Portland,
Oregon. The cell resistance and capacitance were balanced with an
Impedance Bridge, Model 290 A, Electro Scientific Industries, Portland,
Oregon, and with Variable Decade Capacitors, Model CDA-2 and CDA-3,
Cornell-Dubilier Electronic Division, Federal Pacific Electric Division.

The conductance cell is shown in Fig. 2-16. It contained two
parallel bright platinum disk electrodes. Because of the relatively
low conductivities of the nonaqueous solutions, the cell was designed

to give a relatively low cell constant. The cell constant, 0.439 cm-l,

was determined using 0.1 and 0.01 N aqueous KC1l solutions.149 All
electrical wires were shielded. At the frequency of 20 kHz, the results
were independent of the frequency.

The cell was filled with solution inside the glove box. The cell
was sealed by closing the valves (Fig. 2-16), and then transferred into
the constant temperature bath. Measurements were made first at 25° and

then at 35°C. Temperatures were controlled to within 0.01°C by two

thermostats
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Fig. 2-16. Conductivity cell.
A - Platinum electrodes. C - stopcock.
B - Lean-in. D - Ball joints.
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2-6. Density Measurements

Density measurements of various molalities of the alkali metal
chlorides in AlCl3 (1 m)~-PC solution were conducted at 25° and 35°C. The
densities were measured with a picnometer, The volume of the picnometer
was calibrated at 25° and 35°C by weighing distilled water.149 The AlClj-PC
solutions were filled into the picnometer inside the glove box, and were
transferred into a constant temperature water bath. Temperatures were
maintained within £0.01°C and a few hours were allowed to attain thermal

equilibrium. The alkali metal chloride concentrations varied from 0 up

to 1 m in AlCl3—PC solution.
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ITI. RESULTS

3.1. The Electrodeposition of the Alkali Metals From
Various Solutions in PC

The search for electrolytic solutions that will enable the deposition
of the alkali metals started with a qualitative stage, in which the common
alkali metal salts were tested for solubility, and the feasibility of
deposition. High solubility is required in order to obtain a low ohmic
drop and low concentration overpotential. It appears that a solubility
in the order of 1 mole/l is neeessary. This concentration corresponds
to a specific conductance of approximately 10_2 ohm_lcm_l, and permits
a relatively wide range operation below the limiting current. The following
anions were tesfed: chlorides, bromides, iodides, perchlorates, hexa-
fluorophosphates, ;etrafluoroborates.and tetrachloroaiuminates. The
following results were observed:

3.1-1. Lithium
LiCl

The solubility of LiCl in PC is below 0.1 M; (4.0 102 M.was reported
by Butler, et a1.49) Li was deposited from the saturated solution; the
applied potential was high because of the low conductance.

LiBr

LiBr is very soluble in PC, 2.43 M.68 Lithium was deposited from

1M solution‘of LiBr in PC at current density of 1 mA/cmz. The lithium
deposit was grey and formed Li-Pt alloy with the platinum cathode. The
alloy was similar to the one obtained during the electrodeposition from
LiClO4 solution iﬁ PC. X-ray analysis of the alloy is presented in

Table 3-1. Figs. 3-1 and 3+2 show an electron microprobe analysis of
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Electron microprobe analysis of Li deposit on Pt electrode.
15 kV. Magnification:

Back
X500

scattered electron, primary:

Electron microgrobe analysis. X-rays
X500. Light area: Pt. Dark lines:

XBB T728--411k

for Pt. Idagnif

Lithium(?) or c
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Table 3-1. X-ray diffraction data for Li-Pt alloy.

Electrolyte: LiBr in PC

d , A Relative Peak Height
2.794 medium
2.252 large
2.225 large
1.951 medium
1.381 medium
1.180 medium
1.129 small

the Li-Pt alloy, after the electrode was washed with water. The analysis
was done using an Electron Microprobe, Material Analysis Corp., Model 400S.
The dark lines appear to be Li-Pt alloy or deep cracks and are typical

for all the lithium deposits which were obtained on a platinum substrate.

LiClO4

LiClO4 was found to be the best lithium electrolyte in PC. The’
solubility of LiC10, in PC is 2.1 M,71 and the conductivity is relatively
3 1 81

4
high, 5.6 10 ohm_lcm- , for 1 M solution at 25°C. Lithium was
deposited from LiClO4 (1 M)-PC solution at current densities of up to

10 mA/cmZ, without any sign of gas evolution or side reaction. The Li
deposit was grey and formed an alloy with the Pt substrate. The Li-Pt
alloy was stable toward air and water. Immersing the deposit in water
resulted in violent reaction of the free lithium deposit, while the Li-Pt
ailoy remained stable. The platinum surface turned permanently grey and
rough and there was no way to regain the bright appearance of platinum.

The alloy was characterized by X-ray diffraction analysis (Cu o radiation



76~

with nickel filter) and the diffraction data is given in Table 3-1 in
terms of the interplannar spacings. Lithium metal was found to alloy with
other metals, including noble metals.43 The alloys were prepared by
spontaneous electrochemical alloying in which a cell of the type
Li/LiClOA(l M), PC/Metal was shorted; Li formed an alloy with the metal
at the cathode. The alloy between Li and Pt was analyzed to be L13Pt2.
The only intermetallic compound reported is LiPtz,and the available
data on this compound is limited. The fact that in_the present work
different diffraction data were obtained for each Li-Pt alloy might
indicate different degrees of alloying. Alloying was not obtained when
lithium was deposited on nickel or stainless steel cathodes.

Prolonged deposition of lithium led to the formation of the lithium
trees shown in Fig. 3-3, which were obtained from a stagnant LiClO4 (1 m)
solution at 1 mA/cmz.

LiPF6

Lithium was deposited from 0.5 M LiPF6 solution in PC. The current

densities were in the range of 1-10 mA/cm2 at relatively low applied
potentials. The Li deposit was grey and very similar to the one obtained
from LiClO4 solution. The solubility of LiPF6 is approximately 0.55 to
0.76 M.7O’69

LiBF4

Lithium was deposited from a saturated solution of LiBF4 in PC. The

concentration was below 0.5 M. The solubility of LiBF4 is 0.42 M.70 Grey

deposit was obtained at 1 mA/cm2 and moderate applied potential.
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Fig. 3-3. Lithium deposit on Pt cathode from LiClO0 (127) solution
PC. Current density: 10 mA/cmgn Temperature: 25°C.

XBB T28-L4117
Fig. 3-k. Lithium deposit on a stainless steel disk cathode, from

LiAlCl, (1n) solution in PC. Disk diameter: 0.33 cm. Currens
density: 10 mA/cmgu Temperature: 235°C.
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LiAlCl4
Lithium was deposited from 1:1 mixture>of LiCl and AlCl3 solution

in PC. The solubility of LiCl in pure PC is low; however, in the presence

of A1C13, which is highly soluble, the solubility of LiCl increases up

to 1:1 ratio. Addition of AlCl3 to PC results in violent reaction,

accompanied by strong heating and darkening of the solution. This can

be avoided by adding the LiCl first, then adding the AlCl, extremely

3
slowly while cooling the solution with a cooling mixture of chloroform—
carbon tetrachloride-dry COZ' Solutions prepared in this way were

almost colorless. Another successful method is to prepare the complex

salt LiAlCl, by heating a stoichiometric mixture of LiCl and AlCl. at

4 3

200°C under dry argon atmosphere. Additions of LiAlC14, prepared in this

way, to PC,resulted in no heating at all. Despite the superior solutions

obtained by this method, in most expetiments the selutions were prepared

by careful addition of AlCl3 to LiCl-PC mixture. The other method was

inconvenient because of the strong sublimation of AlCl3 at high temperature.
Lithium deposits formed alloys with Pt cathodes. Figure 3-4 shows

a lithium deposit on a rotating disk stainless steel electrode. The

current density was 50 mA/cmz, and the rotation speed 1800 rpm. Figure

3-5 shows a typical Li-Pt alloy deposited from a LiAlCl4 (1 m) solution

in PC. The deposit was washed with water to remove the free lithium

and to expose the alloy which is stable toward water and air. The dark

"tunnels" probably correspond to Li-Pt alloy while the areas in between

are mostly free of Pt (see Fig. 3-2 for electron microprobe analysis of

the surface).
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a. $Side illumination, magnification:X50

XBB 728-4113

b. Side illumination, magnification: X200

Lithium deposit on Pt elegtrode. Electrolyte: LiAlCl, (1m)-PC.

Current density: 1 mA/cm”.
to expose the Li-Pt alloy.

The deposit was washed with water
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3.1-2., Sodium

NaCl and NaBr are practically insoluble in PC and therefore are not
suitable for electrodeposition purposes. NaClO4{ NaPF6, and NaAlCl4 are
quite soluble and therefore were tested. Furthermore, polarization and
cyclic voltammetry experiments were performed for these electrolytes.
NaC10

4
72

The solubility of NaClO4 in PC is >2 M. Sodium was deposited
from 1 M NaClO4 solution at current density of 10 mA/cm2 without any
visible sign of gas evolution or side reaction. The deposit was grey
and did not form an alloy with the Pt cathode. 1In order to determine
the exchange current density and the reversibility of the electrode
reaction, several polarization experiments were carried out. The cell
consisted of three compartments, in which three identical solid sodium
electrodes were placed. The electrodes were prepared from sodium wires
coated by epoxy resin, and fresh surfaces were prepared prior to each
experiment by cutting the wires with a stainless steel blade, exposing
bright sodium surfaces. The bias potentials between the Na electrodes
were below 0.5 mV, even after a series of polarization experiments.
The middle electrode served as the working electrode and the two side
electrodes served as the counter and reference electrodes. The reference
electrode compartment was connected to the working electrode compartment
by a narrow capillary. The polarization experiments were described in
detail in Chapter II.

Figure 3-6 show the polarizations of sodium in NaClO4 (1 M) solution

at 25°, 49° and 60°C after the overpotentials were corrected for ohmic

drop, using a current interrupter technique. The exchange current densities
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- were calculated from;theflepes of thexlineS'and.from.the area of the
'electrode, 'The‘exchangefcurrent densities aref0-43. O 98 and'l’l3.mA/c'm2
Iat lS°, 494.Qnd 606C -respectivelyf Figure 3-7 show the plot of the
exchange current density vs. 1/T and the enthalpy of activation at zero -
polarization, AH '6;0 kcal/mole; was calculated;from the ‘slope.

NaP Fe

"The solubility ofTNaPFG.in PC'is 0. 86 M. 7Q Sodium has been deposited
;-'from 0. 5 M solutlon of NaPF6 in PC at current densities of. 1-10 mA/cm .
~'The deposit was grey and ‘there was no v131b1e evidence of side reaction
or gas‘evolution*at the cathode.' The potential between sodium electro—
deposited on Pt electrode and a reference sodium ‘electrode was below '
,Vl 15 mV which is ev1dence for the pure quality of the dep031t.
Polarization experiments were conducted to investlgate the kinetic:
‘behavior of metallic sodium and sodium amalgam in NaPF (O 5 M) solution )
in PC ' The polarization experiments ‘were done 1n a s1x—compartment cell
‘1n which two sodium, two sodium amalgam and two Pt electrodes were placed
bThe’sodium electrodes were coated with epoxy resin and fresh surfaces
'were exposed by cuttlng the coated wires w1th a clean blade. The sodium
.amalgam concentrations were 0. 286 and 0. 351/wt and the average potential
difference between these electrodes and the sodium electordes at 25°C were
‘831 88 and 734 70- mV respectively. Constant current was appliedlin both
cathodic‘and_anodlc d1rections between the:sodium and the amalgam electrode
o while theotwo remaining'electrodesjserved as referencelelectrodes; The » I
v'measured overpotentials were correlted for ohmic drop by current inter—‘

rupter pulse technique. The micropolarizations are presented in Figs.~

3~8 and 3-9 for sodium and sodium amalgam electrodes, and the calculated
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'eXchange currentrdensities'are 18 08 and 10-64’ A/cmz, respectively
Figure 3=10 shows the polarization behavior of sodium in NaPF6 (0.5 M)
PC solution at higher currents;l The solution was stirred durlng the
experiments with-a small magnetic stirrer at the bottom of the cell
just below the sodium electrode - surface The stirring was necessary
f_to minimize concentration overpotential which becomes apprec1able at
higher currents.d Linear cyclic voltammogram for Na in NaPF6 (0 5 M) is
,shown in Fig. 3—11. The sweep rate was quite high (120 mV/sec) and

- ,'hystere51s is observed 1n the cathodic direction . |

'NaBF4

7 Despite the 1ow solubility of NaBF4 in PC 0 093 M 70. sodium was u
dep031ted from a saturated solution at 1- mA/cm2 and moderately high
applied potential The dep031te was grey The limiting current was
undoubtedly exceeded ‘as evidenced by gas evolution observed along with

SOdium deposition.

'NaAlC14

‘The soluhility'ot_NaCldin'l‘m AlCl3 solution in PC nas found to be
taround 0. 5 m, which is in contrast to- the rest: of the alkali metal
vichlorides. However,'sodium was electrodeposited from NaCl (0 5 m)--
AlCl (1 m) in PC at current densities 1—10 mA/cm without any sign of -
‘gas evolution or side-reaction The deposit was grey Further thermo-
"dynamic, kinetic and conductance measurements are presented in the -

following sections.
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3.1-3. Potassium

Potassium was found to be very reactive toward PC solutions. The
surface of a bright potassium elecgréde turned purple within a few minutes
in moderaﬁely dry PC (around 50 ppm H20). The stabiltiy of potassium
increased significantly after the PC was treated with molecular sieves
(Linde 4A). The molecular sieves, approximately 5% volume, wefe added
to PC and the mixture stirred for several hours.

Due to the low.solubility of KC1 (3.52 ].0-.4 M)-,7 KBr (6 10--3 M),6
KBF4 (0.012 M)6 and KClO4 in PC, the only practical possibilities were found
to be KPF6 and KA1C14.

its perchlorate and tetrafluoro boride solutions in PC at very low current,

Nevertheless, potassium was electrodeposited from

‘O.l'mA/cmz, and high applied potentials.

KPF6

Potassium was deposited from KPF6 (0.5 M) solution in PC at currents
up to 10 mA/cmZ. The solubility of KPF6 in PC is 1.2 M.3la Potassium
wire served as the anode; normal anodic dissolution was observed, while
the deposit on the platinum cathode was grey and loose. The bias potential
between the deposited potassium and the potassium anode, after the deposition
was completed, was less than 20 mV. The Bias potential was probably caused
by the different nature of the deposit on the Pt substrate.

Figure 3-12 shows polarization curves of potassium wire in KPF6
(0.5 M) solution in PC. The reference electrode was an identical K wire
and was connected to the working electrode compartment by a narrow capillary.
Potentials were corrected for ohmic drop by current interruption technique,

The solution was stirred by a small magnetic stirrer at the bottom of the

working electrode compartment in order to minimize concentration polarization.
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KAlCl4

Potassium was electrodeposited from 1l:1 KCl—AlCl3(0.5 m) in PC. The
electrodeposition was performed in a six-compartment cell, where potassium
wire served as an anode, platinum foil served as a cathode, and the nature
of the deposit was checked by measuring the bias potentials between the
deposited potassium and reference potassium eleétrode, and another two
pptassium amalgam electrodes (0.231%wt). The potentials between the
deposited.potassium and the reference potassium electrode were always
below 20 mV immediately after the deposition. However, within a few
hours after the current was turned off the potential gifference increased
substantially, while it was observed that the potassium deposit became
loose and the Pt substrate was exposed.

The potential differences between the potassium wire and the K(Hg)
electrodes were measured and recorded over a period of 4 days at different
;emperatures. The electrodes underwent strong polarizations during this
period, and despite this faet the potentials were constant within *10 mV.
Table 3-1la contaips the results of the potential measurements between
metallic potassium and potassium amalgam (0.231%wt) in 0.5 m KAlCl

4
solution in PC at different temperatures.

Table 3f1a: Potentials of K~K(Hg) 0.231%wt in 0.5 KAlCl, PC solution.

4
Temperature °C Potential Volts
25 ' 1.0067
29 1.013
30 1.016
43 1.057

50 1.064




-92-~

The stability.and the reversibility of potassium and its amalgam in
KAlCl4 solution in PC were tested by a linear cyclic voltammetry technique.
The potential ve. K or K(Hg) reference electrode was scanned in a relatively
slow sweep rate, and the resulting current was recorded. The solutions
were stirred by a smali magnetic stirrer. Figure 3~13 and Fig. 3-14 show
two cyclic voltammograms for K in KAlCl4 (0.5 M) PC solution, at 25° and
43°C, respectively. The sweep rate is 1.2 mV/sec, and no hysteresis
was observed after a complete cycle. Figure 3-15 and Fig. 3~16 show
cyclic voltammograms at 25°C and at the sweep rates of 4 and 40 mV/sec,
respectively. The range of the scanned potential is wider, *1 volt, and
the resulting currents are in thg order of up to 7 mA. No hysteresis
wés observed at the low sweep rate; however, an hysteresis of about 120 mV
was observéd when the sweep rate was 40 mV/sec. The behavior of a clean
platinum electrode in the same LiAlCl4 (0.5 M) PC solution was investigated
and is presentedvin Fig. 3-17. Three eomplete cyclic voltammograms were:
recorded, and the linear cathodic currents are in contrast to the small
anodic currents. The peaks in the anodic direction followed the cathodic
currents, and are the dissolution currents of the deposited potassium.

The small anodic current on the clean Pt demonstrates the stability of
the solvent at the far cathodic potential range.

Cyclic voltammogram for an amalgam of potassium in KAlCl4 (0.5 M) PC
solution is shown in Fig. 3-18. The behavior is quite reversible and no
hysteresis was observed.

The behavior of potassium and potassium amalgam electrodes in I(AlCl4
(0.5 M) during several cycles is shown in Fig. 3-19 and Fig. 3-20. 1In

both cases the current decreased with an increasing number of cycles.
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This is probably due'to the increase'in the ohmic resistanceuof the
v deposited metal, which is looser than the metallic potassium, or due to“
a buildup:of an insolating layer on the electrode surface. It should
be mentioned‘that the cyclic voltammograms were not corrected for the
‘ohmic drop'caused‘by the resistance_of the solution‘and the electrode.
3.1-4. Rubldium ’ ‘ |

Due to the low solubility of most of the common Rb salts in PC, the '
only practical possibility found was the combination between RbC1 and
AlCl3 B v
Rubidium was deposited from a carefully dried 1 1 RbCl—AlCl (1 m)
solution in PC at currents up ‘to 10 mA/cmzq The electrodeposition was
done in a s1x—compartment cell, where metallic rubidium rubidium amalgam
- (0. 2306/wt) and a platinum electrode served as the anode, the reference
electrode and the cathode respectively. The potential between the metallic
rubidium and the amalgam was recorded over a perlod of 4 days, and the
average potential was 1 076 volts at 25° c, which is in good agreement with
the value of 1. 0745 volts measured by G. N. Lewis and W. L. Argo66 in:a
series of measurements, in which they established the standard potentials
of the,alkali metalsrin,aqueous solution. The composition of the amalgam
" matched exactly the amalgam compositlon used by Lewis, whose work provided
the only available data | ;

The potentlal between the electradep051ted rubidium and the metallic
vrubidium was below 25 mV immediately after the electrodep031tion but
dropped 31gn1f1cantly after a few hours of standing when the dep081t.

became loose and the_platinum substrate was exposed.

- Cyelic voltammograms of Rb and Rb(Hg) in RbAlCl4 (0.5 M) are shown




40—

I (A

200 100 0 . 0 ~ 200. 300
' DV mv) ‘ :
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- Fig. 3-22.

- Cyclic voltammogram for Rb(Hg) /

RbAlCl, (0.5 M)-PC.
Referenice electrode: Rb(Hg)

Amalgam composition: 0.2306%wt
Sweep rate: L mV/sec.
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in Figs. 3-21 and 3-22, respectively. Reversible‘bebavior can be observed
in.both.cases,Aand'Tafel like behavior,ls evident at-higher currents.
3.1-5. Cesium

0f the common cesium salts tried, only CsAlCl4kasCl + A1C13) gave
good solnbility'andia good deposlt in PC. Cesium wasAdeposited from.
CsClO4 solution'in rC, but because of the low solnbllity the current was
very loﬁ.and.&as'accompanied by high'applled potential. Gas evolntlon
was observed during this experinentl |

CsCl was found soluble in AICL, solution in'PC; while CsBr was found

3

insoluble in the same AlCl3 solution. Cesium wasjdeposited from carefully
'dri_ed.CsAlCl4 (0.25.m) solution in PC. Cesium deposit.on a platinum
electrode is shown ip’Fig.:3ﬂ23. A needle shaped cesiumbdeposit-is
sbown'in Fig. 3*24 >Tbe experiment was conducted in'a six—comnartment
- cell, wbere two cesium electrodes, two cesium amalgam (0 302/wt) cup
electrodes and two platlnum electrodes served alternately as anode,
reference electrode and cathode. The potential'between-the deposited
cesiun and the metallicbcesinm was below 20 mV and dropped significantly:
after a few hours of standing, due to the re—exposure of the platinum
substrate The composition of the Cs amalgam did not match the compositlon
of.the amalgam used by Bent Forbes and Forziati 67 who measured for the
first time the standard electrode potential of ce51um u31ng a CsI
solutlon in dlmethylamlne. The potential dlfference obtained in the
present work was 1.017+0.010 volts'(0.302%wt), as compared to 1.119
yolts (0.1875%wt) obtained by Bent, et al, at 25°C.

Micropolarizations of cesium in CsAlCl4 (0.25 M) at four different

temperatnres are shown in Fig. 3-25. The exchange current densities i°
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o Fig. 3-23. Cesium deposit on a Pt foil cathod, from CsAlCl, (0.25z)
solution in PC. Current density: 1 mA/cm®. Temperature: 25°C.
Remark: Globules of molten Cs can be observed on the surface.

XBB 728-4118

Fiz. 3-2L. Needle-shape cesium deposit from CsAlCl)y(1m) solution
in PC. Current density: 2.0 mA/cn®. Temperature: 25°C,
Length of the needle: mn.

\J1
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Fig. 3-25. Micropolarization of Cs(s)/CsAlClu(O.QS M) in PC.
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Fig. 3-26. Determination of the enthalpy of activation at zero
polarization of Cs(s)/CsAlClu(O.QS M), PC.

O Solid Cs. A TLiigquid Cs.
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were calculated from the slopes and are ploted vs. 1/T in Fig. 3-26. The
enthalpy of activation at zero polarization was calculated from the slope
to be AHO* = 10.4 kcal/mole. The exchange current at 23.5°C was lower
than expected, probably because at 23.5°C Cs is a solid, while the other
three temperatures were above the melting point of cesium, 28.4°C.

In addition to the galvanostatic deposition experiments, the deposi-
tion-dissolution of cesium on platinum electrode was investigated by a
linear cyclic voltammetry technique. The potential between the working
electrode and a reference cesium electrode was scanned in the cathodic
and the anodic directions, and the current was recorded on an oscilloscope
from the ohmic drop across a standard resistance. The solution was
stirred during the experiment. The oscillograms in Figs. 3-27- 3-30
show the behavior of platinum, deposited cesium, metallic cesium and
cesium amalgam in CsAlCl4 (0.25 M) in PC at 25°C. The scanning rate
was 0.25 V/sec.

Figure 3-27 shows the behavior of a clean platinum electrode. The
anodic current is negligible due to the absence of active metal on the
electrode. The cathodic current increases linearly with the scanning
potential. The anodic branch following a single cathodic cycle shows a
small current due to the redissolution of the deposited cesium. Scanning
started from the far anodic side. Figure 3-28 shows the behavior of
electrodeposited cesium on platinum substrate after four hours of cathodic
deposition at 1 mA/cmz. The behavior is quite reversible and very
similar to the behavior of pure metallic cesium in the same solution
which is shown in Fig. 3+29. Figure 3-30 shows the behavior of cesium

amalgam (0.23067%wt) in the same CsAlCl4 (0.25 M) PC solution. The
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Fig. 3-27. Cyclic voltammogram of clean anodized Pt in CsAlCl, (0.25X).
Scanning rate: 0.25 V/sec. Reference electrode: Cs, 0.8 %/cm,
0.25 mA/cm.

XBB 728$h112

Tig. 3-28. Cytlic voltammogram of Cs deposit on Pt electrode, in
CsA1ClL, (0.25 17). Scanning rate: 0.25 V/sec. Reference
electrode: Cs. 0.8 V/em, 0.25 mhA/cm.
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Fig. 3-29. Cyclic voltammogram of pure Cs electrode in CsAlCl, (0.25).
Scanning rate: 0.25 V/sec. Reference electrode: Cs.
0.5 V/em, 0.5 mA/cm.

XBB 728-L111

Fig. 3-30. Cyclic voltammogram of Cs(Hg) electrode 0.302%wt. in
CsAlCl, (0.25M). Scanning rate: 0.25 V/sec. Reference
electrode: Cs. 0.5 V/em, 0.5 mA/cm.
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Cycllc voltammogram” for Cs in,
CsAlClh(O 25M)-PC.
‘Reference electrode: Cs
 Sweep rate: L mV/sec.
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. Fig. 3-32.
Cycllc voltammogram for Cs in
CsAlClh(O 25M )~PC.

Reference electrode: Cs

Sweep rate: 4 mV/sec.
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behavior is again quite reversiblé. The solutibn:was stirred during these
experiments with a small magnetic stirrer to minimizg céncentration
overpotential. .

Figure 3*31_sh§wé a cyclic voltammogram of Cs in_CsAlCl4 (0.25 M) in
the linéar region. Very good reversibility was oBserved. Figure 3-32
shbws‘avcyciié voltammogram iﬁ the Ta%el region. Thé behéVior is re-~

versible and symmetrical.

3,2.'_Ce11 Potentials of the Alkali Metal Chlorides
: ~ 1in AlCl3 (1 M)-PC Solutions

Tables 3-2 té 3-6 contain the results of the experimental measureﬁentS'
of the general cell: v

|  M(s) ; ﬁc1'om;[A1c13 (1'm) invPC) | TiC1(s) | T1(Hg)
at 25° and 35°C,;whefe M'fépresenfé:Li, Na, K, Rb.and Cs. The measurements
were‘repea#éd for ééch metél at different‘alkéli metalvchloride molalitieé.
The conceﬂtrétionvof the thalliumiamalggm; the same in all experiménts,
was 4.749%wt.

| The fipst column in eéch table givés the'concénffation_of the alkali

meﬁal chloride.invmélality units (moles of MC1l per 1000 gr of pure PC).
The measured éell potential in volts is listed in the second column. This
vaiue for each concentration ié‘the average vélue,of the potential of the
two alkali metal électrbdes ve. the two reference electrodes. The potential
‘ differenée-betweén two thallium amalgam—thallous chloride reference elec-
trodes was always smaller than 1 mV. -Tﬁe bias potential between the tﬁo
alkali,metél electrodeé was different for.the various metals. The bias
potential was smaller than 1, 1, iO, 5, 5 millivolts for the Li, Na, K,

Rb and Cs systems,respectively. The higher bias potential of the potassium
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potential measurements, lithium system.

Reéuits_bf,cell.
| 25°C 35°C |
m E E, E, E E E,

1.0 | 2.35715  2.26215 2.26215 | 2.35945 = 2.26145  2.26145
0.5 2.38480  2.28980  2.25419 | 2.38910 2.29110  2.25429
0.25 | 2.40440 ~ 2.30940 2.23818 | 2.40750 - 2.30950  2.23589
0.25 | 2.41790  2.32290 2.25168 | 2.42100 2.32300 2.24939
0.10 | 2.41600 2.32100 2.20270 | 2.41935 2.32135  2.19908
0.10 | 2.40900  2.31400 2.19570 | 2.41235 2.31535 2.19308
0.10 | 2.41990 2.32490  2.20660' | 2.42335  2.32535  2.20308
©0.05 [ 2.43710 2.34210 2.18819 | 2.44040 2.34240  2.18333
0.01 | 2.46010  2.36510 2.12550 | 2.46415 2.36615 2.12161
£0.005 | 2.47070  2.37570  2.10349 | 2.47695 2.37895  2.09761
© 0.005 2;47406 2.37900  2.10679 2.48005 2.38205 2.10071
0.002 | 2.45915  2.36415 2.04486 | 2.46930 2.37130  2.04130

I

potential measurements, sodium system. -

©“Table 3-3. Results of cell

125°C 35°C
-m E E, E, E E E,
0.5 2.17905  2.08405 2.04844 | 2.18740 2.08940  2.05260
. 0.25 | 2.18750  2.09250 2.02128 | 2.19860 2.10060  2.02700
'0.10 | 2.18630  2.09130  1.97300 | 2.20370 2.10570  1.98340
0.01 | 2.23400 2.13900 1.90240 | 2.25210 2.15410 1.90960
©0.01 | 2.24460 2.14960 1.91300 | 2.26070 2.16270 1.91816
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.Table-3+4.. Resﬁlts.of.cell.potential.measureménts,.potassium system.

, - 25°C : ~ 35°C
m E E, E E, E,

1.0 2.40420 2.30920  2.30920 | 2.42160 - 2.32360  2.32360

1.0 2.41305 2.31805  2.31805 | 2.43055  2.33255  2.33255

0.5 |2.43620 2.34120 2.30560 | 2.45200 2.35400 2.31720
0.5 12.43320 2.33820 . 2.30260 | 2.44900 2.35100 2.31420
10.25 | 2.47260 2.37760 2.30640 | 2.51560 2.41760  2.34400
0.25 | 2.46850 '2.37350  2.30230 | 2.51150 = 2.41350  2.33990

0.1 . |2.50715 2.41215 2.29385 | 2.52625 = 2.42825  2.30600

0.01 |2.51085 2.41585 2.17925 | 2.53600  2.43800 2.19350

0.0025 | 2.50945 2.41445 2.10660 | 2.53050 2.43280  2.11435

0.0025 |2.55075 2.45575  2.14790 | 2.57180 2.47410  2.15565

Table 3-5. “Results of cell potential measuréments, rubidium system.

25°C _ | 35°¢

m | E B E, E . E E,

1.0 2.35320 2.25820 2.25820 | 2.35365 2.25565  2.25565

2

0.5 | 2.45210 2.35710 2.32150 | - - -

0.25 |2.48670 2.39170  2.32050 | -—- = - -

0.10 | 2.47900 2.38400 2.26570 | 2.48950  2.39150  2.16920

0.10 |2.47600 .2.38100 2.26270 | 2.48720 2.38920  2.26690
. 0.05 - [2.47500 2.38000  2.22610 | 2.49160 2.39360  2.23450
©0.01 | 2.49700° 2.40200 2.16540 | 2.52380 2.42580  2.18130

0.0025 | 2.54000 2.4 2.59555 2. 2.17940

.44500  2.13720

B .
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' Table 3-6.f'Resultéﬁof.cell‘potentialfmeaSurements,.Cesium_system.

o _ 25°C, R | 35°C
| m QE_f-]. E; - E, | _' E ' El. - E,
1.0 [2.40265 2.30765 2.30765 | 2.41615 2.31815 2.31815
1.0 - [2.40350 2.30850  2.30850 | 2.41420 2.31620  2.31620
1.0 |2.39700 2.30200 2.30200 | 2.41200 2.31400  2.31400
0.5 |2.47550 2.38050 2.34490 | 2.49570 2.39770  2.36090
0.25 [2.50815 2.41315 2.34190 | 2.53920 = 2.44120  2.36760
0.10 [2.49020 2.39520 2.27690 | 2.52570  2.42770  2.30540
~0.10 12.50470 2.40970 2.29140 2.53680 -2.43580 2.31650
0.01 [2.51510 2.42010 2.18350 | 2.55580 2.45780  2.21330
0.01 |2.50980 2.41480 2.17820 | 2.55120 2.45320  2.20870
0.0025 | 2.55530 2.46030 2.15250 | 2.60580 2.50780  2.18965
0.00102.52900 2.43500  2.08000 | 2.58120 2.48320  2.11640

electrodes is due mainly'to the reactivity of this metal towards ‘the
solvent:. The bias potential of the Rb and Cs- electrodes is due mainly |
to the great difficulties in handling these metals in the liquid state
and to their reactivity towards the solvent |

The potential E is tabulated in the third column and represents the

,corrected value of E for the thallium amalgam concentration. The cor-

rection was’ taken from the work of Daniels and Richards}38 who measured -

the potentials between dlfferent thallium amalgam concentratlons and

vpure thallium.

The‘function Eé is listed in the fourth column and the method used

hto-obtain this'functiOn‘is‘given below:

" the potential of the" cell

M(s) | MC1 om, AlCl (1 m) in PC) | TlCl(s) | T1(s)
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is given by

E, =E] -RT/Fla (m _m_ Y
cl” M c1m M

!
1= E Y ) (3-1) %
where m is the molality and 7y the activity coefficient of a particular !
ion. Since the-molalitybof AlCl3 is held constant; it is convenient to
choose the reference state as AlCl3 (1 m) in PC. By this eonvention,

the solvent is considered to be a unit molality solution of AlCl, in PC

3

and gog_pure'PC as.usual.' The cell potential according to thiS'eonvention

is given by

By = E, - 2RT/F In (m,q YMCl)V | (3-2)

where E2 is the standard potential of the cell in AlCl (1 m)-PC solution.

The stendard state of the-solute is taken at infinite dilution of the

alkali metalvehloride in AlCl2 (l;m)éPC solution where the activity
"coefficient of the elkali metal chloride approaches nnity. The problem.

of determininng; and thns the aetivity coefficients at different con-

centrations of MC1 involves extrapolation to.infinite dilution The

method of extrapolation to infinite dilution u31ng the Guggenhelm equationlso.

cannot be‘employed here since the ionic strength is very high. Instead,
'rearranging Eq. (3-2) gives ,A

E, = (E1 + 2RT/F 1n mMcl)_ =E, - 2RT/F 1n Yael (3-3)

Following the method presented by Lewis, Randall, Pitzer and Brewer151
PP. 315—316, if we plot the left-hand side of Eq. (3-3) as ordinate
against some function of mMcl as abcissa, the limit approached by the
ordinate at dilution is equal to E2 It is common to extrapolate with
(mMCl) /2 as abscissa since such a choice should give a curve approxi-

mating to linearity at high dilution following Debye~Hiickel limiting law.
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However, here this dependence is used to expand the low concentration

range. Figures 3-33 and 3—34 show the plot of E vSs. (mMCl /2 for all -

. the alka11 metals at 25° and 35 C respectively - The intercepts at

~zero molallties give EZ; the standard potentlals at AlCl (l m)-PC solution.
The difference between the extrapolated values at- 25° and 35 C glves the
dtemperature dependence of the standard potential at constant pressure

. The results of the extrapolations are given in Table 3 7.

Table;S%Z; ‘Standard_cell potentialsvat-25° and 35°C.

Metal - E) 25%C C Ey3sc o @EYAD)
Li 2.04530. 010 . 2.037%0.010 0.8 107
Na - 1.885 1.878 . =0.7 1072
K 2.116  2.120 - +0.4 107
R 2.116 2,140 42,4 1077
| B s

cs 2,122 2.165 44,310

From the standard cell potentials and their variation with temperature,

. the standard free energy AG , entropy AS and,enthalpy AH2 can be calculated:

o_ _ . o : , (-
A6 = n F Ej N | (3-4)
o _ _ ) ' ' -
A82 = -n F(BE2/3T)p » (3-5)
. -... o - . o — ’ o ) e .. .‘ . ‘ . -
- Aﬁz,‘ n F(Ezj T(aEzﬂir)p}“s - (3 6)

" These functions are related'to the following cell reaction:
M(s) + TlCl(s) + 1 mole Alcl3 + 9.8 mole PC= G

MCl (in AlCl a m)—PC solutlon, aMCl = l) + Tl(s)

Table 3-8 presents AGZ, AS vand AH on the molal scale for the above cell

reaction at 25° and_35 C., The uncertainty in AS and AH is quite high
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EMF measurements of the cell: M/MCl(m), AICI

at 25°C.

| Fig. 3-33.

3
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- AlCI3(Im)-PC

]

" soLuTtion - E2 ]
O Li/LiCl 2037 :
. ¥  Na/NaCi- 1.878
‘ A K/KCI 2.120 :
| 8 0 Rb/RbCI  2.140 -
. D Cs/CsCl . 2.165
. R N 1 i 1 1 | 1
-0 08 1.0

02 04— 06_
o (mme)@ [moles/kgPC]/z_

‘Fig. 3-—3)4 EMF measurements of the cell:
(Im)-PC/T1C1(s), Tl (s) at 35°C.° '
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~114-

because they were calculated from the difference between extrapolated
values.

Table 3-8. Standard free energies, entropies and ‘enthalpies
for reactlon (3-7) for-all the alkali metals.

| AGz_kcal/mol- _ "ASZ’ e.u. :AH;,kcal/mol
Metal ~ 25°C - 35°C 25°C 25°C  35°C
Li  -47.17 -46.98  -18.4 S -52.7 - -52.7
Na©  -43.47 - -43.31  -16.1 -48.3  -48.3
K -48.80 -48.90 +9.2 ~46.0 -46.1
Rb  -48.80 -49.36 +55.3 =32.3 _ -32.3
Cs  -48.94 ~49.93 +64.7 - -29.6 ~29.6

~In addltlon EMFS of the cell
'.M(Hg) | MCL (m, AlCl (1 m) in PC) | TlCl(s) | T1(Hg)
were measured. 'Invehis.eeii; the alkali metal amalgam was substituted
for the pure‘alkali metal. .The‘fesults'are presented in'Tablee 349.to
3-13. The concentratlons of the alkall metal amalgams were adjusted to
the «¢ exact coneentrations of the amalgams used by G. N. Lewis and his

28,62, 63 66 : 67

co—workers, nd}H. E. Bent and his co-workers. This was

done'in order to be able to make comparisons with EMF data for the single

amalgam concenttafions listed in the literatnre. -In the case of lithium
aﬁalgam, ehe activity-coefficient'data of lithium was obtainedbfrom tne _

- work of Cogley andnButler.3? The potential differences between the amalgams
and the pure alkali metals obtained from fhese references were added to

the cell potentials in order to obtain the potentials between the pure
metals and the thalliun amalgam-thallous chloride reference electfode.

The results were corrected as before for the thalliun amalgam composition.

The first column in Taﬁles 3-9 to 3-13 gives the concentrations of the
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alkali‘metéi.chlorideé iﬁ:mblaliﬁy Qﬁits (moles of NClvper.lOOO
éf:ofsbﬁrélPC}.' The méésuféd céll poﬁentiéls are listed in-the'

secénd coiumn.' The ﬁﬁird eblumn gives the corrected potentials, i.e.

the sums éf the meaéuredvpotentialéland the potentials of the amalgams
‘obtained froﬁ the literature. The fourfh column presents the’pdtentialﬁ
El’ which is the corrected value of E forvthe thalliﬁﬁ amalgam éompdsi-_»
tion.138 ‘The function E2'is lisfed in thé'fifth column. The method‘used
for obtaining E2 has been described previously wifh~regard to Tables
2342 tqi34é.  The cesium amalgam concentration did'not match the concen-
trétibn uéed by Bent, et al.,67 and the correction wés obtained from the
-avérage ﬁf 5.measurements of the potential différencé betﬁeen this amaigam
and pure.césium in CsCl—AlCl3 (1 m)-PC solutions. The ggreement between
the measurements based on the alkali metal amalgams and those based on

the pure‘alkéli metals increases the confidence in the data.

TaBle 3-9. Results of cellvpotential méaéuremeﬁts
) at 25°C, lithium amalgam.

Lithium amalgam composition: 0.06727%wt
ELi~Li(Hg) = 1.004 volt o
= 1.0037 volt .- D. R. Cogley and J. N. Butler;39

PLi-Li (8g)
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Table‘B—lO. Results of cell potential measurements
at 25°C, sodium amalgam.

m E' E B B,

0.5 - 1.33640  2.18200  2.08700 2.05140 '
0.25 - 1.34700 - 2.19290  2.09790 = 2.02670

0.25  1.34780.  2.19370  2.09870  2.02750

0.10 1.36955  ,2.21545  2.12045  2.00215

0.10  1.36805  2.21395 ~ 2.11895  2.00065

0.01  1.41210  2.25800  2.16300  1.92600

0.01  1.39380  2.23970  2.14470.  1.90810

' Sodium amalgam composition: 0.20627%wt

ENafNa(Hg) = 0.843 vslts - | v
E_ = 0,8456 volts G. N. Lewis and
Na—Na(Hg) €. A. Kraus.63

Tablé~3f11. Results of cell potent1a1 measurements :
» .at 25°C, potassium amalgam.

| 1 B

1.0 1.38950  2.43760  2.34260  2.34260

0.5 1.38235 . 2.43045  2.33545  2,29985
0.5 1.40145  2.44955  2.35455  2.31895

0.5 ~  1.40660  2.45540 - 2.36040  2.32480

0.25 1.42900 ©  2.47710  2.38210  2.31090

0.10  1.45800  2.50610 . 2.41110  2.29280

0.10  1.46000  2.50810 . 2.41310 = 2.29480

0.01  1.45985 © - 2.54795  2.41295 2.17635 )
1 0.01  1.45965  2.50775  2.41275  2.17615

0.0025 1.50265  2.55075  2.45575  2.14790 1 |

Potassium amalgam composition: O.2216%w£.
= 1.0523 volt.

E, -
K—K(H ) 62
l 0481 volts G. N. Lewis and F. G, Keyes.

EK—K(H )
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“at’ 25° C rubidium’ amalgam

7TaBleu3?IZ , Results of cell potentlal measurements

E

1 2
1.0 1.28200  2.35650 = 2.26150  .26150
0.1 1.40780 - 2. 48230 . 2.38730  2.26900

: m1“ N vE} . E : 'El' E2
1.0 - 1.36350  2.38050 © .2.28550 =  2.28550 -
0.5 1.45650 2.47350  2.37850  2.34290
0.25 - 145400  2.47100  2.37600  2.30480

0,10 1.47400  2.49100  2.39600  2.27770
001 1.50750  2.52450  2.42950  2.19290

' ’, Rb-Rb (Hg )
B Rb—Rb(Hg) =

Rubidlum amalgam comp031tion' 0.2306%ﬁt‘e
= 1.0766 volts '

66

1.0745 velts  G. N. Lewls and _

W. L. Argo

at 25° C, cesium amalgam.

sTable.3§i3, _Results of cell potential measurements

Cesium amalgam composition

0.302%wt .

E s-Cs(Hg) = 1.017 volts.

H E. Bent, G. S. ‘Forbes and A F. For21at1 67

' Ces;um amalgam composition: 0.1875%wt

ECS¥CS(Hg) = 1.}19«volts.

I
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3.3 Actiyity Coefficients of the Alkali Metal
Chlpridee in A1C13,(1 m)~PC Solution

Mean molal activity coefficients of the alkali metal chlorideé_in
AlCl, (1 m) solution in PC were calculated from
S 0 ' '
:»ln Yuci = (ZRT/F).(.E2 - EZ) - 1n Tyl (3-8)

(o]
2

in Table 3-7.. The calculated activity coefficients at 25°C are given in

whére'E is the extrapolated value of the standard cell potential given
Tables 3-14 to 3-18. Figure 3-35 presents the plots of In Yycy VE-
(mMCl)lzzgfor all the alkali metal chlorides. It should be mentioned
again that the referenqe state is A1C13,(l'm) in PC and not the pure

‘solvent. -

Table,3f14.' Activipy‘Coefficients’of Table 3-15. Activity coefficients of

LiCl in ALCLB-(ljp)frc.q;»25’c ~ NeCl in AICl, (1 m)-PC at 25°C
"Lict i Maci o -lavgg
1.0 4.0513 .

0.5 3.8922 0.5 3.1811
0.25 3.5936 0.25 2.6521
0.25  3.8444 0.10 1.7129
0.10  2.9004 0.01 0.3387
S 0.0 2.7411 o.or 10.5450
0.10 - 2.9470
0.05 12,6037
0.01 Co1.4271
0.005 0.9623

0.005 | 0.9888
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" Table 3-16. Activity coefficients of KCl in
- Acl; (A m)-PC at 25°C. '

- Mge1 o TIYgep
S O R O 23 %
1.0 . 3.89%
0.5 . 3.652
0.5 ’ . 3.593
0.2 . 3.667
o5 3.586 -
Co0a0 3.423
0.00 . 1.193
10.0025  0.631

Table 3-17. Activity coefficients of RbCL in
| . Al€l, (1 m)-RC at 25°C.

R S

1.0 2.7678
0.5 | | -
0.25 | .

0.1 . 2.913
01 2.8%
©0.05 2143
001 . - 0.961
0.0025 . 0.412

;
|
[
t
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0 o2 04 06 08 10
S (mMCI)_Iz

| XBL 725-6280

Fig. 3-35. 'Act1v1ty coefficients of the alkali metal chlorldes
in A1C1 (lm) -PC solution at 25°C.
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Table 3-18 Activity coefflcients of
CsCl in AlCl (1 m)«PC at 25 C

et ‘.'fl-‘.‘-chci*
10 3730
SO0 3,746
S0 s
.-o 25 T 4.398
010 : 3.132
o. 10 o 3.414
001 1.314
" 0.01 o 1.211
©0.0025 - 0.710
0.0025 1.035

,'3.4. Conductance of the Alkali Metal Chlorides
' “in AlCl .(1m)-PC Solution -

The speC1fic conductance of the alka11 metal chlorides in

w"A1C1 (1 m)-PC solution at 25° and 35 C is given in Tables 3- 19 to

~3—23 The concentration is given on molarity basis (mole/lit ) and
was transferred from the molality ba31s by multiplylng by ‘the density
A of the solution. The densities of solutions of different alkali metal

chloride molalities are measured and the results are presented in the '

' ‘..next section

The concentration of the alka11 metal chlorides were, measured from ;;_
':gzero up to l m, which corresponds to 1 1 ratio between MCl and AlCl3
~ Figure 3-36 and Fig 3—37 present the specific conductance of the alkali

metal chlorides_vs their molarities at 25° and 35 C respectively.
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2 T T l | T T
o LiCl
- V' NaCl
| A KC v I |
nl- 0 RbCI - o _
P v
6L— L ! 1 1
0 0.2 04 06 08 1.0 1.2 14"
MC! CONCENTRATION (mole/1) | -
XBL725-6283

Fig. 3-36. Specific conductance of the alkali:metal chlorides in
AlCl3(lm)—PC solution at 25°C. -
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o 0z 04 06 08 10 12 14

- MCl: CONCENTRATION (mole/l)
|

xsuzs’-ezaz

‘Fig. 3-37. Spec1f1c conducta.nce of the alkali metal chlorldes in

AlCl (lm)-PC solution at 35 C.
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Table 3-19. Specific conductance of LiCl in AlCl3 (1 m)-PC
: solution at 25° and 35°C.

‘ _ C(mole/1l) 103'K(ohm_lcm_l).
m(mole/Kg PC) . 25°C 35°C 25°C 35°C
'0.02 0.0251 . 0.0250 | 6.7089 8.3150
0.1 - . - 0.1262 . 0.1253 6.7419 8.4429

1.0 1.2594 1.2512 6.7007 8.4348

Téble 3-20. Spécific.conductanée'of NaCl_iﬂAlCl3 (1 m)-PC
: : ‘solution at 25° and 35°C.
o C(mole/1) o 103 K(ohm_lcmfl)
m(mole/Kg PC) .25°C . 35°C $25°C 35°C
0.01 0.01262  0.01253  6.9710  8.7023
10.10 . 0.1264 0.1253 6.9555 8.6937
0.25 . 0.3163 . 0.3138 6.9100 = 8.6628
0.50. ' 0.6330 - 0.6279 7.1190 8.9416
Tabhle 3-21.  Specific conductance of KCL in AlCl3 (1 m)-PC
o "~ solution at 25° and 35°C.
’ | C(mole/1) 103 K(Ohm_lcm_l)
m(mole/Kg PC) 25°C 35°C - 25°C 35°C
10.0025 0.00315  0.00313  6.915 8.5916
0.01 1 0.01262° . 0.01253  6.9943 = 8.7631
6.10. - 0.1261  0.1254  -7.2784 9.1085
0.25 0.3167 0.3143 7.7540 9.6490
0.50 0.6390 0.6330 8.5166  10.630
1.00 ©1.300 1

.292 10.2100 12.7256
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| Tablef3-22. Specific conductance of RbCl in AlCl (1 m)-PC
o o solution at 25° and 35 C. o

S . C(Mole/l)» 103 K(ohm-lcm— )
n(mole/Kg BC)  25°C 35°C 25°C 35°C
0.0025 0.00315  0.00313  7.1573 8.9144
_6;01-_f ' _p;01263'_ 0.01254  7.0414  8.7439
0.05  10.06325  0.06266  7.2424  9.0206
0.0 0.1272  0.1261 . 7.2947  9.1010
o 0.25 . 0.319% - 0.3168  8.0225  9.9509

| 0.50 | _ o | o R
1.00 - . 1.3195  1.3091  11.0033  13.7197

"'Table‘3—23; Specific conductance of CsCl in AlCl (1 m)-PC
: D v solution at 25° and 35° c.

| L Cc@ole/1) 107 K(ohm‘lcm"l)

. mmole/Kg BC)  25°C . 35°C.  25°C 35°C
0.0025 . 0.00313 0.3133  6.8481  8.5084
0.0l . 0.01264 . 6.7326  8.4106

0.10 . 0.1264 . . - 6.773  8.6765
0.25 . 7.9105  9.7563
0.50 . 0.6597  0.6555  9.0709  11.1713
1.00 - 1.3597 1.3481 11.2572  13.8060

T
.'3.5 Density Measurements

Densitles of different molalities of the alkali metal chloridesv'

. _ ,1. , v

in AlCl (l m) - PC solutlon at 25° and . 35 C are presented 1n Table 3 24. :
.Flgure 3 38 and F1g 3 39 show the density vs. the molality for eacht‘

. elkall metal‘chlcrlde 1n~AlCl3 Q1 m)fPC at 25°_snd'35°C,"respeCtiVely.:.'
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Table 3-24. Densities of the alkali metal chlorides
g in AlC1; (1 m)-PC at 25° and 35°C.

Salt m(Mole_/i_(g_ PC) p 25°C(gr/cc) p 35°C(gr/cc
e 1.26284  1.25296
LiCl 0.5 . 1.26135 1.2185

o 1.0  1.25945 © 1.25122
Nacl - 0.01 1.26214 1.25262
- - 0.10 1.26378 1.25349
S 0.25 1.26503 1.25516
0450 ~ 1.26608 1.25579
RCL . 0.0025 1.26158  ° 1.25251
B 0.0L . 1.26245 11.25272
0.10 1.26151 . 1.25432
. 0.25  1.26692 1.25736
~0.50 1.27805 | 1.26789
a 1.00 R
CRbCL . 0,01 1.26319  1.25370
|  0.05 1.26507  1.25317
S 0.0 1.27236  1.26140
CRbC1 - 0.25 1.27770 1.26723
0.50 | o
100 1.31955 1.30909
CsCl' 0.0025 1.26367 . 1.25314
| 0.0l 1.26367
0.50 1.31942  1.31097

1.00 1.35967  1.34812




'DENSITY (g/cm®)
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'|;2f5 .'~qfﬁ  ;-  _ . | ; - 111  | l  : ,  ,1 | A.
0O 02 04 06 08 10
o mmc (molality)

_  XBL727- 6625
_Fig. 3-38. Densities of the alkali metal chlorides in |
~A1€1,(1m)-PC solution at 25°C. ,
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Fig. 3-39. Densities of the alkali metal chlorides in A1C1,(1m)-PC
- solution at 35°C. :
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- 3.6.- Micropolarization'Measurements of the Alkali Metals
' in their'chlorideosolutions:in,AlC13.(l.m)éPC

Micropolarizations'ofithe;alkali metals in different molalities
of alkali metal'chlorides in AlClBZ( l m)—PC'solution.are presented in - -
.figs, 3-40'through.3e44;:iThe temperature was held constant at 25°+0.01°C
lhe overpotentialsvare Ierree,land the ohmic drop'nas estimated from
the current interrupter technidue:(see Section‘Z 4-1) “At low over-
vpotentials, linear behavior was observed for all the metals, deviation. |

from linearity was observed at potentials above approximately 50 mv,

.where ‘the non-linear Tafel behavior ‘became apprec1ab1e. Dev1at10ns from

linearity were also caused by.concentration overpotential which becomes
. significant at higher currents, eapecially in the cases of Rb and Cs,
' where the metals were placed in the cup electnodes, the active surfaces
fa01ng upward and the solutions stirred from underneath the cups.
The exchange current densities were calculated from the slopes of
.the linear polarizations, according to the equation |
| i ov='l, RT 31 |

a. A F _a'ﬁ_ 1=0

and the results are’ presented in each figure (Fig. 3- 40 through 3-44).

3,7., Enthalpy of Activation at Zero Polarization of
Lithium in LiCl Solution in AlCl (1 m)-PC-

'Micropolarizations of lithium electrode inddifferent LiCl concen-:

vtrations.in_AlCl3 (1'm)4PQ were performed at three differentvtemperatures:

25°, 309 and 35°C. Figure 3-45vpresent8‘the plot of the.apparent exchange

-current densities, i:, vs. 1/T for the various L1C1 molalities “The
"slopes of the lines are about equal and the average enthalpy of acti-

vation at zero polarization was calculated as

(3-9)
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Fig. 3-40. Micropolarization of Li(s)/LiCl(m) in AlClé(lm)—PC solution.
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'Fig.f3-hl; Micropolariiatipn of Na(s)/NaCl(m) in AlClB(lm)—PC

SOlupion.
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Pig. 3-ho. Micropolurivatlon of K(s)/KCl(m)vin AJCl%(lm)~PC solution.
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Fig. 3;-143. Micropdl__arizatibn of Rb(s)/RbCl(rﬁ) in A1C1_(im)-PC solution.
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Fig. 3--45. -Determination of the enthalpy of activation at zero
' - polarization for Li/LiCl(m) in A1C13(lm)—PC solution.
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% In iz !
o =" R - 8.6 kcal/mole : (3-10) |

AH
The value of'AH: is within the order of magnitude expected for soft metals. . i
A similar value of 7.1 kcal/mole was obtained for the sodium electrode in J

NaCl0, solution in PC (Fig. 3-7).

4
The micropolarlzation behavior of cesium electrode in CsAlCl (0. 25 M) . »
solution in PC is presented in Fig 3-25. The plot of i vs. l/T is
presented in Fig. 3 -26, from which the enthalpy of activation at zero
polarlzatlon is 10.4 kcal/mole. Somewhat lower exchange current density
was obtained for Cs electrode at 23.5°C. At this temperature cesium is
solid, whilevthe other temperatures empioyed are aoove the melting point

of cesium, 28.5°C:

3.8. Micropolarization Experiments of the Alkali Metal ' N .
Amalgams in Their Chloride Solutions in AlClé (1 m)-PC ' )

Figures 3-46 to 3-50 present the micropolarization behavior of the
alkali metal amalgams at different molalities of the alkali metal chloride

in AlCl3 (1 m)-PC solution. The temperature was held constant at 25°%0.01°cC.

The overpotentials were corrected for ohmic drops (see Section 2.4-1).

Linear polarization is observed up to approximately 50 mV, .above which
non—iinear behavior starts to be appreciable, espeCially in the cathodic
direction; Tafel behavior and concentration overpotentials are probably
the cause for this behavior;

Exchange current densities were calculated from the linear region,
according;to Eq. (3-9). More emphasis was given to the anodic branches,
where the linearity extended over a wider range. In some cathodic |
polarization tuns, especially at low chloride concentratlons, the over-

potential increased rapidly, and in some cases the limiting current was
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Fig. 3-46. Micropolarization of Li(Hg)/LiCl(m) in AlCi3(].m)-PC solution.
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Fig. 3-47. Micropolarization of Na(Hg)/NaCl(m) in AIC1_(1m)-PC solution. .
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~ Fig. 3—-148_. -Micropolarization of K(Hg)/KCl(m) in AlCl3(1m)—PC solution. .
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Fig. 3-50. Micrpoiariiation of Cs(Hg)/CsCl3(lm)-—PC solution.
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reached. :It is not clear whether at low chloride concentration the
limiting current arose from a mass transport orfkinetic limitation, or
from an insula;ing layer.covering the surface, which possibly formed
during cathodic deposition, but was destroyed during anodic dissolution.

The éalculated exchange current densities aré.presented in each
figure, aiong with the mole fraction of the amalgams, and the molalities
of the alkali mefgl chlorides in AlCl3 (1 m)-PC. The behaviof in the
Tafel region was tested for the potassium amalggmkgyétem, and the results
are presented, separately, in Section 3.9. Because of ;he relatively
high current densities applied in this region, thév‘KAlCI4 (1 m) solution
was stirred by bubbling dry argon through it.

“3.9. Tafel‘Polarization of_Potassium-Amalgam
in KAlCl4 (1 m)-PC Solution

The polarization measurements of the alkali metal amAlgams in
AlCl3 1 m);PC solutions, presented in Section 3.8, were performed in
stagnant Solufions,'and were restricted to low curfént densities where
concentration overpotentials are negligible. Iﬁ ofder to investigate
the behavior in the Tafel region, the potassium amalgam system was tested
under relatively ﬁigh currents, and the kinetic parameters obtained from
the Tafel plot were compared to those_obtained from the liﬁear plot
(see Fig. 3f48). Concentration overpotentials were minimized by bubbling
dry argon through the solution. A small capillary was intrbduced from
the top of the cell (Fig. 2-15), the tip being located just a few mil-
limeters above the amalgam's surface. Stirring'in this way was quite
effecient, as the aigon stream was directed toward the amalgam's surface.
The polariéation procedure was identical to the one described in Section

2.4-2. The ohmic drop was estimated by the current interrupter technique.
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.vPolarizétion of potassium amalgam (1.1266 lofzumole fraction) in
'KA1C14 (1 m) in PC at 25°C was performed at moderately high current
densities, up to about 40 mA/cm?. ,The.resoltsvwerc.ploteed according

to the Tafel equations:'

RT

= ——' "‘— >> == o
n=gFln 1° + 3 ln i 0> =% anodic (3-11)

= RT__ o _ _RT _ , RT . .
N T @-o)F In 1 (i—a)F In |1 n >>_‘f cathodic (3-12)

and are shown in Fig. 3-51. The exchange current density was calcolatedv

- from the iﬁtercepts of thc cathodic aﬁd the anodic branches, and is in

good agreement with the values obtainedvfrom thcvlinear region (Fig. 3=48).

 The cathodic transfer coefficient, calculated from the'anodic.branch,

is ao =v0.94, and the cathodic transfer coefficieht, calculated from the

oathodic brshch, is given by (l-ac) = 0.17. The average cathodic transfer

'cdéfficicnt is, thevre.fore_,»aC = 0.88, which is higher than the value o
=v0.6i.obtained from the linear region (see Fig. 4-4). The plot

:presented iﬁ Fig.‘3¥51 is the type of Tafel plot expccted for an electrode‘

reaction oith a high csthodic transfer coefficient (ac > 0.5). The reader

is referrsd to illustrations of similar behavior in Ref 173 The

high transfer coefficient obtained for the Tafel region indicates that

srthe deposition process requires a hlgher activation energy than the

dissolution process.
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Fig. 3-51.

Tafel plot for K(Hg) in KA1Cl, (1m)-PC solution at 25°C.
The solution was stirred by s)%rong argon bubbllng
Amalgam composition: X|< 1.1266x10-2

Electrode area: 2.28 cm@




N
S

S i 'R is . S % 8 ' S w® [
Voo US 8 U oo gy Y

~145-

 _3;10;‘ Electrodeposition of Lithium in the Tafel Region

Lithium was deposited on a rotating disk electrode from LiAlCl4

(1 m) in PC. The current-potential plots at rotation speeds 360 and

Al80.rpmﬁéfe repreéentéd,in Eig. 3-52 and Fig. 3553,.respect1ve1y. The

disk was ma&e of tefloﬁ,'and:the céntral eleétrodevof stainless steel. .The

2. The counter electrode was a lithium amaigam

electrode a:éa was 0.0855 cm
ﬁool at thé bottom of the cell, énd thé lithium amalgam reference electrode
was placed in a separate compartment connected to the main cell by a sﬁallv-
capillar&.' The ohmic drpp was estimated by thevéurrent interrupter teghnique
(seg 2.4~1) and Qas éompared to the calculated Qalue of the ohmic using

152,153

the equations of Newman. The calculation was based on Eq. (2-4)

using the géqmetry and dimensions of the rotating disk system. TFor LiAlcl,

A m) in‘PC'at 25°C, the specific conductance is k =7.7 1073 ohm Tem™t
(see Tablé 3-19) and the estimated ohmic drop‘is  '
R = 2804 - 569 omm . (3-11)
6.7 10 o .

- The, potential trace of the current interrupter pulse is shown in Fig. 2-10,

from'ﬁhich the ohmic resistance was estimated at 280 ohm, in good agreemént

- with the calculated value.

The_anodic portions of the curves are included in Figs. 3-52 and
3-53. Since the deposit of lithium was not adherent, the possibility B

exists that the stainless steel substrate was exposed during the anodi¢'g

disSolutidn, thus the high bverpotentials seen in Figs. 3-52 and 3-53 '

méy have been caused by the absence of active lithium on the electrode

surface (i.e. sélvent'decomposition)-,

[




Fig. 3-52.

~-146-

1.0

POTENTIAL (volts)
O
(8)]

ANODIC CURRENT
' (mA)
|

2

|
4 3

XBL 727- 6630

Polarization of stainless steelﬁrbtating disk in
LiAlCl) (1m)-PC at 25°C. A = 0.0855 cm?, W =
360 rpm, i® = 1.635 mA/cn2.
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Fig. 3-53. Polarization of stainless steel rotating disk in
: LiAlCl, (1m)-PC solution at 25°C. = 0.0855 cm2,
w = 1800 rpm, i® = 1.72 mA/cm?. :
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The apparent exchange current density was.éalcﬁlated from the linear
ﬁortions_of‘the polarization curves (Eq. (3_9))" At 360 rpm, the exchange
current density is iao = 1.635 mA/cmz,_and at lSQ'rpﬁ, iao - 1.72 mA/cmz.
The agreement between the two values is éood, and -.they both are close to
the value of i ° = 1.02 mA/ cm? V

experiments (see Fig. 3-40). -

» which was obtained in the micropolarization -
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IV. DISCUSSION

,4‘1' The Electrodeposition.of the Alkaii Metais.

The alkali metals were electfddepogited in a safisfactory form from
their chlqride sdlutiong in AlClsv(l m)-PC. In add;fion, lithiﬁm, |
sodium andvpotassium were deposited from various of their other salt
solutions in PC. Perchlorate solutiohs were found'to be promising for

the deposition of lithium and sodium. LiPF6 and LiBF4 are suitable for

illthium depos1tion' however, their solubilities in PC are somewhat lower.

The kinetics of lithium in various solutions in PC was investigated by

Melbuhr46 47 who reported on the effect of various anions on the exchange

,» LiPF, and LiBF,

exchange current densities, in the order of 0.3-0.5 mA/cm2 at 20°C.

current densities. LiAlCl showed moderately high

Deliberate addition of water decreased the exchange currents by an order

~of magnitude.47 'The exchange current density for LiAlCl4 1 m) in'PC

ohtained in the present work, 1.0 mA/cmz, is in reasonable agreement with
a value of approximately 0.5 mA/cm » reported by Meibuhr47 for LiAlCl4
aM in‘fC at 25°C. |

Sodium was electrodeposited from NaClO4 solution in PC. The deposition—
dissolution of sodium in NaClO4 (1 M) in PC at fhreé different temperatures
(Fig. 3-6).involves.high revefsibility and moderately high exchange current

© = 0.43 mA/cmz, in good agreement* with a value of

60

densities. - At 25°C i
0.21 mA/cmZ‘at 19°C, reported by Meibuhr. The enthalpy of activation
at zero poiarization was calculated from the temperature dependence of

* .
the exchange current (Fig. 3~7). A value of AHO = 6.0 kcal/mole was

*Exchange current densities are regarded to be in good agreement when
they are within the same order of magnitude because of the experimental
difficulties and the uncertainty regardlng the water content of the
solvent. used o : :
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obtained, in comparison to 14.6 kcal/mole obtained by Meibuhr. The present

result seems more reasonable for a soft metal like sodium, and is in better

46

" * ..
agreement with-AHO = 8.5 kcal/mole obtained for Li/LiCl1l0, in PC. The

4
micropolérizatioﬁ of NaClO4 in PC, reported by Méibghr,wasperfofﬁed only
in the anodic direction, whereas in the préseht'work the cathodic portion
is ‘included, and the linearity and the identicél slopes in both cathodic
and anodic directions indicate high reversibility of the dissolution-
. deposition process. |
The sy§tem of NaPF6
curfent denéities were much lower for Both sodium metal and sodium amalgam
(Figs 3—8‘aﬁd 3-9, respectively). Polarization bf‘sodiumvin NaPF6 (0.5 M)
in the Téfel region (Figs 3-10 and 3-11) sho&s that an apprééiable cathodic
overpotentiéi (about 1 volt) is necessary to deposit sodium at‘the rate
of aboutb3’mA/cm2, while the anodic dissolution process can be carried
out at a lower overpotential. The reversible behavior of sodium in.
NaPF6 (O.S.M) in PC is demonstrated by the cyélié vbltammogram (Fig. 3-11).
Despite the relatively high sweép rate, 120 ﬁV/sec;, only small hysteresis
can be observed in the cathodic dirgction, probably due to different con-
centration gradients generated when the potential was swept back and forth.
The kinetics and transport behavior of NaA-l'Cl4 in PC is discussed
later. It seems that on the basis of kinetic considerations alone, NaClOA
although other considerations (e.g., conductance or

6

stability) might be of greater importance.

is superior to NaPF

Potassium exhibits the most reactive behavior toward PC. Potassium
electrodes were stable in PC only after the solutions were carefully
dried with molecular sieves. Even then, most erratic and irreproducible

results were obtained during the potential and the micropolarization

in PC was also invéstigated; hbﬁever, the exchange
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experiments. Although the instability was assumed to be mainly.caused
by water trates, further work should be done tovclarify this point.
Pqtassium was deposited froﬁ KII’F6 (0.5 M) in PC;‘pdlarization experiments
(Fig. 3-12) show, in general, a Tafel'behavior.f The bias potentials of
up to 20vmV; between the potassium deposit on a platinum substrate and .
a potassium reference electrode, is attributed té the loose form of the
deposit.’ It should be noted that even between idéntical potassium
electrodeé in some cases, the biaé potential was in the rénge of 10 mv.

Potassium was deposited from LiAlCl4 solutibn_in PC, and again the
deposit was' loose aﬁd showed bias potentials of up.to 20 mV. The
potential measurements between potassium and potassium amalgam (0.231%wt)
(Table 3—2) y1e1ded the correct EMF range and temperature dependence.
Pota581um amalgam, of the same composition as the amalgam used by
G. N. Lewis,62'showed a potential of 1.0523 volts-With respect to a
puré potéssium electrode, in comparison to 1.0481 Qélts obtained by
G. N. Lewis (see Table 3-11). |

Linear tyclic roltémmetry results show good reversibility at 25° and
43°C, (Fiés. 3-13 and 3-14, respectively.) Sweeping the potential into
the Tafel région (Figs. 3-15 and 3-16) shows hystereéis, especially when
the sweep rate was high (40 mV/sec). The hysteresis is probably caused
by different concentration profiles when the potential was swept in the
anodic and the cathodic directions. Figure 3-17 ‘shows several cyclic
voltammograms of ?t electrode in KAlCl4 (0.5 M).r Negligible anodic
current can be observed when the potential is swept in the cathodic
diréction. ‘The cathodic behavior is linear;»however, cycling back in

the anodic direction, anodic current peaks can be observed, caused
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by the re-dissolution of the deposited potassium from‘the platinum
surface.

Potassium amalgam behaves reversibly as indicsted by‘the voltsmmogfam
of K(Hg)/KALCl, (0.5 M) in PC (Fig. 3-18). Figures 3-19 and 3-20 show
several consecutive cycles of potassium and potassium amalgam in KAlCl4
(0.5 M), respectively. In both cases, the currents dropped after each cycle.
This can be explained by the formation of loose potassium deposit on the
surface, resulting in an increase of the ohmlc drop, which is included in the
scanned potential. Another possibility is the formation of an insulating
film on'the surface which gradually reduced activity of tﬁe electrode. The
cyclic voltammogram of K(Hg) (Fig. 3—20) shows stebiiization and steady
state behavior after the third cycle. The last two'cycles are practically
identical. |

Rubidiqm was electrodeposited from RbAlCl4 solution in PC.' Bias
potentials. of less than 25 mV were obtained between the dep031ted rubidium
and a metallic rubidium reference electrode. The agreement between the
potential difference between Rb and Rb(Hg) obtained in the present work,
and the vslue reported by G. N. Lewis66 for an identical amalgam, increases
confidence in the stability of rubidium in PC solution (see Table 3-12).

Cesium was electrodeposited from CsAiCl4 solution in PC. The bias
potential between the electrodeposited Cs, and metallic cesium was
below 20 mV. The cesium'amalgam composition did oot-match_exactly the

67,-_which is the only source

composition of the amalgam used by Bent, et al.,
of data for cesium amalgams. However, the value of 1.017 volt for 0.302%wt
Cs is in the right direction when compared to 1.119 volt obtained by Bent,

et al.67 for a 0.1875%wt cesium amalgam. These two values are the only

potential measurements for cesium amalgams, at room temperature.
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Mictdpolarization of cesium in CsAlCl4 (0.25 M) in PC at differentv
temperaﬁufes shows reuersible behavior in both éafhodic and anodic’
directions; although the excﬁange currents were Quite low (Fig. 3-25).

The enthaléy of activation at zero polarization was calculated from

Fig. 3-26, AHO* - 10.4 kcal/mole, reasonable for alkali metal deposition .
at room temperature. fhe ekchange current densitylbelow the mélting |
point ofbéeéium is .somewhat lower than expected. _Cyclic voltammetry
experiments ofvcesium and cesium amalgam in CsAiClA_solution show
reversible behavior'béth in the cathodic and the anodic direction. Fig.
3—29.sh6§$ fhé volfammégram bf metallic cesium, which ié almost identicalv
to the one for eléctrodeposited cesium on Pt substrate, Fig. 3-28. Figure
3-27 shows the voltammogram of clean Pt electrode in CsAlCl4 (0~25 M).
Negligible anodic current was observed becausé of the absence of cesium
on.the éﬁrface. This varifies the high stébility of the solvent toward
ge&uctioﬁL iAfter'the Pt electrode waé swept in thé_cathodic direction,

a small anodic current couid be observed, a result of the re—dissolutidn

of the electrodeposited cesium from the platingm electrode. Reversible ,
behavior was observed for Cs(Hg) in CsAlCl4 (0.25.M); Figure 3-31
demonstrates again the high reversibili;y of Cs .electrode, and Fig. 3-32
shows the cyclic vol;ammatry of Cs in the Tafeiirégion, where the potential
was scanngd between +2 volts, and the current vafied'between il;S mA.

The slow sweep rate insured the high_reversibility of fhe electrode over
this wide potential range; the sﬁallvfluctuatioﬁé‘in Fig. 3-32 are the

result of the long duration of the experiment.
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4.2, Cell Potentials of the Alkali Metal Chlorldes
in AlCl (1 m)-PC Solutlon

EMF,meésurements 6f the cell without transfetences: M(s)/MC1(m),
AlCl3 (1~m)—PC/T1Cl(s)/T1(Hg) gave reproducible'fesu}ts. Potential
measureme§£s>involving the lithium and sodium systems were especially
reproducible; The greatest scattering of data points was experienced
with the'potassium system. Potassium electrodes were less stable in PC
and in some cases turned purple after a few days bf repeated measurements.
- Lithium énd.sodium gave reproducible results within +5 mV, while rubidium
and cesiﬁm wére somewhat less reproducible, and‘their bias potentials
varied withiﬁ +10 mV, probably because of difficulties éxperienced in
preparing-thé electrodes.in the molten state. The'#catter df potentials
is believgd'to be caused by the preparation of'A1013 solution in PC.

The dissoiution of AlCl3 in PC is a very exothéfmic'proﬁess, and the
accidental addition of '"large granules" of AiCl3 resulted in local
heating and solvent decomposition, as evidenced by the solution turning
yellow or even brown. The reproducibility of the preparation of AlCl3
solutian ih PC is unknown, and solutions which wefe more than slightly
yeliow were discarded.

The change in cell potential with time waé foliowed by measuring
the potentigls every 10-15 minutes in the first two hours, and checking
them every ﬁour for the first day. The potentials were measured then
for at least four days before the cell was disassembled. For the first
half hour, especially for solutions having a low cbncentration of alkali
metal chloride, chéhges in potentials were observed. The potential was

. then steady within %5 mV for a few hours, followed by a steady decrease
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in the cellhpotential, dnring the next day. ‘In:every case the potential
drifted.toward_the discharge of the Cellt The decreasedin potential |
was faster:for low alkali metal chloridebconcentratiOns, and was minimal
when the molality of MC1 approached unity orpl:l ratio with respect to
AlCl3 nolality in PC. Figure 4-1 presents the timevdependence of the
potential for two lithium cells. The lower curve represents the change
in potential'of a cell containing LiCl (1.0 m) in AlCL, (1 n)—PC.' The
upper curve shows the behavior of a cell containing LiCl (0.01 m) in '
AlCl (l m)—PC

Similar behavior of cell discharge was observed by Salomon95 for the

alkali metal halides in PC. A steady decrease in cell potentials was

observed for lithium halides in DMSO,92’154’115 dimethylformamide,98
and N-methylformamide{llo A strong decrease of'cellvpotential with time
' ' 118,119,120

was observed in the'cell Pt, H’/HCl(h)/AgCl Ag in fornamide'

the true cell potentials were obtained by extrapolating the observed ‘

tpotentlals to zero time. "A decrease of approximately 20 mV was observed

during a period of 2 hours.

The reasons for the steady decrease in cellrpotentials have been

‘attributed to either solubility and diffusion of the thallous halide

and subsequent reaction with.the alkali metal 92,154,11§ or the reaction :

" of“the alkali metal with ‘the solvent or with solvent impurities such as

water.95 Salomon attributed the phenomena to the reactivity

of the alkall metals w1th impurlties rather than to T1Cl1 diffu31on

across the cell because the solubillty of TlCl in pure PC is extremely
-12.4

low (KSp =_10 ). However, T1Cl is probably somewhat more soluble in

the presence of an excess of chloride ions.
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The behavior of the eellvpotentials in the present work was siﬁilar'
to the onevreported by Smyrl and Tobias for LiCl in DMSO,92 where, after
a period of several hours of relatively constant potential the potential
fstarted to decrease steadily due to the reaction: |
Li(s) + T1Cl(solution) - Tl(s)_+ LiCl(solution) . (4-1)
Since identical cells were used in thevpresent.work and by Smyrl and |
Tobias,ithe time for the diffusion of the thalliunvspecies across the
cell‘should be of the same'order of magnitude. The fact that the
' potentials decreased more rapidly in the present work indlcates that
the solubillty of thallium chloride in PC in the presence of AlCl3 is
higher than in DMSO. The stable behavior of thelpotentials measured by
Salomonrin'chsbcan be attributed to the low solubility of thallous
.halides in PC, and to the fact that fritted glassﬁwas”used to-slow the
diffusiondof thehthallium species'acroSSvthe cellifrom the‘reference
"electrode to the alkali metal electrode. B
The standard cell potentials of the alkali metals in AlCl (1 m)-PC
solution, relative to T1l, TICl, are presented in Table 3-7 along with
the cell potential temperature coefficients. Ihese results were obtained
by extrapolation to infinite dilution with respect to ‘the alkali metal“:
chloride molalities. The order of the standard potentials in the alkali
metal series does not follow that in aqueous solution where lithium has
vthe highest standard potential. ' The standard potentials of the alkali
metals in water and in several other solvents are presented in Table 4-1la,
along_with the,present results. _The‘present'resnlts,'as‘nell as Salomon's
data assign'a-noticeablw higher standard'potential to potassium than to

lithium. The difference of approximately 70]mV‘betWeen the standard
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potentialuof.K and that of Li cannot explain the high reactivity of
potassium.in PC. Since the work of Salomon does nét:include measurements
of the rubidium and cesium cells, further comparisbn cannot be made.
Cesium, foilowed by rubidium shows the highest oxidation potentials in
A1C13v(lim)—PC. This is not the case in acetonitfile, N-MF, and water,
where'liﬁhiﬁm has the highest oxidation potential;, It may be proper to
qubté the.predictioﬁ madé.by G. N. Lewis and W. L.'Argo in 1915, con-
cerning the peculiarity of the order of the standard potentials in the
alkali.metal series: "Thebpotentials of the alkali metals followba
curious order, namely, lithium, rubidiﬁm, potassiUm,vénd sodium. It is
interesting, however, to observe thatvthis is the order of the heats of
formation of the‘severél ions in aqueousréolutiop.. In order to illustrate
| this fact, the heat of formation of the chloridesiof the four metals in
aqueoﬁs solution are: 102, 101, 101, 96 kcai/mole for LiCl, RbCl, KC1
and NaCl,_respectivel&.. The heat of formation of adueous césium chloride
is given as 105 kcal/mole, and if this figure is,cbfreét, we might predict
the potential of cesium to be higher than any of the other alkali metals."66
However,.this prediction did not materialize when 14 years later Bent,
Forbes and Forziani67 obtained the normal electrode‘potential of cesium,
= 2.923 volts, "...very close to the correspdﬁding value for rubidium;
but stillv34 millivolts below that for 1ith1um."_.

In order to vefify the standard oxidation potential sequehce obtained
in AlCl3 (1 m)-PC, the following estimates can be méde of the standard
oxidation potentials of rubidium and cesium in pure PC: The free energies

of solvation of RbCl and CsCl in PC were reported by Salomon:139

o

AGSolv (RbCl) = —142.7, AGsolv (CsCl1) = -140.9 kcal/mole. By using
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_ Eq. (5-10). backward, the free energy of the cell reaction (Eq. 4-3) can

be calculated:

(s)

(TlCl(

o _ o A ‘_ ' : -
AGT | = AGsolv MC1) - AG ) AGlat Mc1 S)) (4-2)

. o
cnt &) + 06 o

o]
f (

Following the values of Table 1—8,vthe free energies of the cell reaction
M(s) + T1Cl(s) + 9.8 moles PC » MCl(solution in PC such

that Myey = 1) + T1(s) (4—3)

- for rubidium and cesium are

667 (M=Rb) = -142.7 + 44.46 - 98.48 + 149.0 = - 47.72 kcal/mole ~ (4-4)

66 (M=Cs) = -140.9 + 44.6 - 96.60 + 144.9 = -48.14 kcal/mole (4-5)

The standard oxidation potentials of the cells are then

(o]
E Rb/RbCL,PC/T1C1,TI

(o]
E ¢s/csc1,pe/Tic1,T1

= 2.07 volt

= 2.08 volt

[l

These estiﬁéted values are both higher thén the staﬁdard'oxida—

tion potentials of Li, Na and K obtained by SalOmOnb(Table 4-1a).

The estiméted standard oxidation poténtiéi of Cs ié over 200 mV higher
than that Li. This agrees qualitatively with the finding of the presgnt"
work, where Cs has a higher potential than Li in’A1C13 (1 m)-PC solution;
It should be emphasized here that thé estimated étahdard oxidation
potentials of Rb and Cs in pure PC are very crude oﬁes,‘éince they are

he free energies'of solvation of RbCl and .

based on estimated values for:
-CsCl in PC. However, at least qualitatively,'it'shows,that the high
standard potentials for Rb and Cs are nbt unexpected even in pure PC.

"The fact fhat:K,also has a higher potential than Li in AIC1,-PC solution -

3

agrees with the results, based on the alkali metal fodide measurements

(see Table_44la), of Saloﬁbq.
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ially for lithium cells in DMSO,

‘dimethyl formamide.
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Figures 3-33 and 3-34 present the potential measurements and the extra-
polation to infinite dilution. The fact that aimost linear behavior is
' ) o S 1/2

obtaine@ by plotting the potential E2 vs. (mMCl).

-is ?ery'helpful in
obtaining the standard potentiéls, although it should be remembered that
this behavior is ﬁot necessarily attributed to the Debye-Huckel'limiting

law, because the reference’solvent was a solution of AlCl3 in PC, in

,Which the ioﬁic strength is very high. The plotting‘of the results vs.

the square root of the molality was adopted to éxpand_the dilute region
and to obtain a better accuracy in the extrapolatioﬁ;
' The potentials for lithium cells in which the molality of LiCl was

less than 0.005 m showed a substantial drift to lower values. - This can

- be observed in Fig. 3-33 and Fig. 3-34 by the tailing off at the very

low LiCl concentration. The potential at 0.002 m LiCl was not includedv

in the extrapolation. This deviation was observed also in the cesium

.system. Tailiﬁg off at low concentration was observed by others, espec-

92,154 N-methyl fofmamide,llo and in

98 Smyrl and Tobiasl54 explained the decrease in
potential at low LiCl concentration in DMSO by the diffusion of TI1Cl

from the reference electrode to the lithium electrode, where it spontan-

‘eously reacts. This concentration gradient is of importance only when

the LiCl concentration is of the same order of magnitude as the solu~

'bility of the sparingly soluble T1Cl. However, the solubility of T1Cl

in PC is much lower than in DMSO (Ksp = 10—12'66 in PC, in comparison

—6'2 in DMSO). On this basis, Salomon concluded that the decrease

95

to 10
in potential is due .to a reaction between 1ithium and the solvent.

The observed deviations in the preséﬁt work can be due to diffusion of
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T1Cl across the cell, since it is quite possible that the solubility of
T1Cl increases in the presence of AlCl3 in PC, perhaps according to

TIC1(s) + ALCl, (BC) *>TlAlC14.-' ®c) (4-6)

It is not clear why the tailing off at low concentration was observed

almost exclusively in lithium cells. Deviations were not observed in

sodium and potassium cells in pc?6,97

110

or in sodium,_potessium and rubidium
ceils in N-methyl formamide. In addition, the deviations seem to be
observed only in lithium chloride and lithium bremide'cells. Deviations
were not observed in LiI selution in PC,97 nor in.LiI solution in
DMSO.94 The fact that LiCl was found to be assoclated in PC97 might
explain these de§iations. |

The standard éotentials in the present work arevgiven on a molal
basis. The molal basis has been chosen becausevthevmoleculér weight 6f
PC is more than 5 times larger than that ofvwater. Since many authors
present'their results on a molar basis, it should.be remembered that the
standard poeeﬁtial, on a molal basis, can be cenverted into a molar basis,

according to the.following relation:

2RT

o _ (o] . -
ES=E°+5% 1no (4-7)

where ECO and Emo are the standard potentials on a molar and molal basis,
respectively, and polis the density of the solveht. The solvent in the
present case is an AlCl3 (1 m)-PC solution, and iteedensity is reported in
Section 3.5 as 1.2628 and 1.2530 gr/cm3 at 25° and 35°C, respectively. The
standard potentials of the alkali metals, on a molar basis are presented

in Table 4~1. In addition, the standard potentials on a mole fraction

basis are presented as well. The mole fracture basis is probably the most
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suitable'Wéy'to presént thermodynamic data, where the solute mole fracture
is compatable with the solvent mole fraction. The standard potential on

- a mole fraction basis can be obtained from the féllowing equation:

o_ 0, 2RT 1000 . ’ e
EN = Em 5 In oyt l‘ (4-8)
where ENO is the standard potential on a mole fraction basis, and M.W. 1is

the moleculér weight of the solvent. In the present case, the reference

state is a 1 m solution of AlCl, in PC. The standard potentials on a mole

3

fraction'basis are presented in Table 4-1.

Table 4-1. Standard oxidation potentials'on a molar and a
mole fraction basis for AlCl, (1 m)-PC cells.

=13
o o
EZ,’C . EZ N
25°C 35°C 25°C . 35°C
Li  2.05%4  2.046  2.162 - 2.158

Na 1.894 1.887 ~ 2.002 . 1.998

K . 2.125 2.127 2.233  2.241°
Rb 2.125  2.149 2.116 ~ 2.261
Cs  2.131  2.174  2.239 -~ 2.286

The potential measurements of cells containing alkali metal amalgams
were underﬁaken in order to increase the conﬁidenéé:in the standard
potential and activity coeffiéient data.:rThe conééntrations of the
sodium, potassium and rubidium amalgams were_adjuéféd'to the exaét.
concentrations of the amalgams used by G. N. Lewis'énd his co—workers,
The po;ential diffe?encg bétween thg metal and the amalgam::EM—M(Hé)’ 15'

independent of the solvent and of the alkali metal salt concentration in
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it. The potential depends only on the mmalgam's composition. The agree-
ment between the present results and G. N. Lewis' results is remarkable;
in no case is the difference larger than 4.2 mV_(sée Tables 3-9 to 3-13).

The agreement between the potential and data of lithium amalgam

Bri-1i (ug)
is 1less tﬁan 1 mVv (Table 3-9). The composition'qf the cesium amalgam

used did not match the only amalgam composition repbrted in the litera-
ture;67 however; thebpotentiéls are in qualifative"égreement (Table. 3-13).
The good agreement Witﬁ these highly reliable sources increases confidence
in stability and reversibility of the alkali metals and their amalgams‘

in AlCl3—PC‘solution. The agreement between the cells containing alkali
metal amalgams and those containing alkali metals is good. It was observed
that the seif—discharge rate of an alka}i metal aﬁalgam cell was slower
than that of an alkali metal one. However, after a few days the surfaceé
.Qf the alkali metal amalgams were covered-with a thin transparent layer.
Stirring'the cell and gently shaking the cup electrode helped‘in exposing

a fresh surface, and in restoring the potential close to its original
value.

The behavior of the sodium curves in Figs. 3433 and 3-34 is different
from the rest of the alkali metals. The solubility éf NaCl in AlCl3
»(l m)-PC solﬁtioﬁ was around 0.5 m, in contrast ﬁo the rest of the alkali
 metal chlorides, which dissolvéd, corresponding to a 1:1 ratio with

respect to AlCl There is no explanation for this unexpected behavior,

3°
although there are indications that the solubilities of RbCl and CsCl

in AlCl3 (1 m)~-PC were not exactly 1.0 m, but drop slightly upon standing.
The decrease in the potentiais at high concentrations for the rubidium

and cesium and cesium systems, given in Fig. 3-33, indicates probable

solvate formation.

39
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The ;¢tivity éoéfficients of the alkali met‘:a‘l“ chlorides in A1¢13-Pc
solution are‘shown in Fig. 3-35. The sharp decréé§exin the_activity
coefficienfs at low concentratioﬁs*is due to the féaction bgtween the

4 Since AlC13v1$ part

of the solvent, this decrease in the activity Coefficients is equivalent

chloride ions and A13+.species yielding the AlC1

to systems where the solute reacts with the solvént5~e.g., NH3 in water
or hydrate formation in aqueous solution.

" 4.3. Estimation of the Standard Potentials of the
Alkali Metals in Pure PC

IhevStandard potentials obtained in Chaptefviilimme calculated wifh
respéct to.the cell M(s)/MCl; AlCl3 (1 m)—PC/TlCi(;), T1(s) where the
5’ | - standard state was chdsen as infinite dilutidn of MC1 in AlCl3 (1 m)-PC
sdlution. Thé standard potentials of the alkalivmetéls in pure PC can
" be meaéurgd from the cell M(s)/MCl, PC/TlCl(s),le(s). However, the
solubilities of the alkali.ﬁetal chlorides'ip PC ate'Very low, and only
LiCl is soluble enough tobpermit acéurate potentialvmeasﬁrements. Salomon
measﬁred the stéhdard botential df lithium in LiCl éolufibn ip PC; howeVer,
'in order to establish a scale of standard potentials in PC fér the rest of
the alkali metals, he switched to the alkali metai'iodides which are
soluble.ip PC. The standard potentials for Li, Na and Kbéystems were
vgiven in Table 1;7. Salomon did not measuré the standard potentials of ;
. 'rubidiuﬁ ana cesium. -

Ah!estimation of the standard potentials of cells gﬁ>the alkali

. /-
metal chlorides in pure PC can be made on the basis of the results of

the present work and the standard potential of the LiCl cell as reported

by.Salbmon:95 The standard potential of the cell Li(s)/LiCl(m), AlCl3(l-m),
. : - :
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PC/T1C1l(s), T1(s) is given hy

o RT
E, =E —-==1In (m Y m Y ) (4-9)
1 1 F it a a

1

potential on the basis of AlCl3 (1 m)~PC as a reference state is given by

where E,° is the standard potential at infinite dilution. The cell

- o _ 2RT : _
Bp =B =7 I O Ve (4-10)
As m, -+ 0
iCcl
' o o _ RT ‘ -
E2 - E1 = - F—-ln (m LY LmoY ) (4-11)

i’ Li ¢l c1”

The left-hand side of Eq. (4-11) can be calculated; since E © was measured

2
in the present work, and Elo for lithium is repdrfed'by Salomon as,

o
1

a mistake in the thallium amalgam correction, see Section 1.9).

E,” = 1.85080 volt {This value is the corrected one, since Salomon made

o Y 4B Y ) Mg g = 2:065 - 1851 = 0.19 volt
1 1 ) .

F L c1” ¢

If we assume that this value does not change much going through the alkali

-metal series, we can estimate the standard potentials El0 for the rest of

the alkali metals:

O _ p 0 _ , _
El = E2 0.194 | (4-12)

Table 4-2 summarizes the approximated standard potentials of the cell

M(s)/MCl, PC/T1C1l(s), Ti(s).
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‘Table 4-2. Estimated standard oxidation potentials
for the alkali metals in pure PC.

Cell | v-Elo volt . AGlo_kdal/mole
‘Li/Licl,PC/T1Cl,T1 1.85080% . —42.9%
Na/NaCl,PC/T1C1,T1 = 1.691 - -39.0
K/KC1,PC/T1C1,T1 1.922 o =44.3
Rb/RbC1,PC/T1C1,T1 1.922 © 4.3

| Cs/CsCl,PC/T1C1,T1 1.928 . -44,5

* ) 95
Measured by Salomon.

The estimated standard oxidation potentials for Rb and Cs, presented
in Table 4-2, are lower by approximately 150 mV than the crude estlmations
V made'in:Seetlon 4.2, 'The standard oxidation potentials in Section 4.2
were estimated from the free energy of solnationvdata for RbCl and CsCl,
given by Salomon.139 These.free energies.of solvation are based on
solnbility.measurements and are believed to be onlp crudelapproximations.
Therefore, the estimated'standard‘oxidation pbtentials in Table 4-2 are
believed todbe more.reliable. |

4.4, Conductance Measurements

The specific conductance of the alkali metal'éhlorides in AlCl3
el m)-PC solution was presented in Fig. 3-34 and Fig. 3-37 at 25° and-
35°C, respectively. .The general trend, with_the;eXCeption of LiCl, is
that the'spécific conductance increases with an inerease in the cOnoene,
tration:of the alkali metal chloride, MC1. Inhthe.case.of NaCl, the
specificleonductance is alnost constant over the entire concentration o
range A steady increase in the specific conductance can be observed

for KCl RbCl and CsCl solutlons in AlCl (l m)—PC Small minima can be'
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observed at low concentrations of LiCl and CsCl. A comparison of the
specific conductance of the alkali metal chlorides shows that the specific
conductancé.increases as we pass along the alkali metal series, from Li
to Cs. Despite the fact that Li is the smallest ion, its chloride solu-
tions have the lowest conductance, while Rb and Cs, which are large ions,
have the highest. These observations can be explained on the basis of
ionic equilibrium, solvation and viscosity consiaefations.

A comparison of the present results with othér data cén be made only
for the lithium system, on which several conductahCe‘measurements were
made. . Our value for the specific conductance of AlCiB (1 m) at 25°C in
3 ohm“lc:m'-l

PC is 6.9 10 . The molarity of this solution is 1.263 M.

Boden87 gives the épecific conductance of AlCl3 (1 M) as 9 10—3, however,
81

his measurements were performed at low frequency.82 Keller,; et al.
| 3

measuréd the conductance of AlCl3 (1 M) as 6.96 10~ at 25°C (see Fig.
1-3), in good agreement with the preseht results. Extrapolation of the
conductance curve of Breivogel and Eisenberg88 results in a somewhat
. -3 -1 -1 s 159
smaller value of approximately 6 10 ~ ohm "cm ~. Chilton and Cook
report a specific conductance of approximately 7.1 10_3 for AlCl3 1M
at 25°C. The specific conductance of LiAlC14_(l_m) at 25°C was measured

in the present work as 6.7 10—3 1

ohm Tem ™. The.mdiarity of this solution
is 1.26 M. Keller, et al.81 reports a value of 6.58 10_3 for saturated

v solution‘of LiCl in AlCl3 (1 M) in PC at 25°C, in good agreement with
.the present results. In addition, Keller's data confirm the present
observation that the addition of LiCl'to AlCl3 (1 m) solution reduces

the conductance of the resultant solution. Eisenberg, et al's. con-

ductance measurements of LiAlCl4 in P088 were restricted to concentrations
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of up to 0.6 M. However, crude extrapolation of their data to 1 M

-3 ohm-lcm—l at 25°C. The

(Fig. 1—3);giveé a value of approximately 7 10
temperature coefficient of the specific conductance of AlCl3 (1 m) sdluf o

tion in PC can be calculated from the data at 25° and 35°C. Our value

of 0.15 107 ohm Yem 1°K L is in reasonable agreement with dk/dT = 0.17 1072,
“calculated eftef Keller, et alm81 The temperature coefficient of the
' speciflc conductance of L1A1Cl4 (1 m) in PC is O. 17 10 -3 hm—lcm_1°K_l, .

again in good agreement with a value of 0.18 lO»;, after Keller, et al. 81

"In general, good agreement was found between the present results of AlClé

- and LiAlClA-solutions in PC, and the corresponding results found in the:

literature. This agreement also should lend credibility to the data

3 system. Unfor-

etunately, the latter results cannot be compared to earlier results

obtained for the rest of the alkali metal chloride-AlCl

obtained elsewhere; previous work was restricted to the LiCl—AlCl3 systeﬁ.
Ihe addition of x moles of alkali metal chloride, MCl, to A1Cl3'(l m)
- solution in PC is accompanied by the following reaction: |

x MCL 4 1/4 Al(PC)63+ + 3/4 AlCL,” — X Li+ + @ -x)/4 A1(PC)63+

4

(4-13)
+ 3+ x)/4 Alcl, .

4 + 3x/2 PC

- The number of charge carriers increases by 0.5x moles, and therefofe,
purely on this basis, the specific conductance should increase. The
equlvalent conductances of all the species are not known. The equivalent

conductance of L1A1Cl4 in PC is reported as 34.5 ohm l 2 q_1.88 The

equivalent ionic conductance of Li in PC is 7.30 ohm lcm2 eq 1.82 Hence;
the estimated equivalent conductance of AlCl4 is relatively quite high:

27.2 o’nm_.lcm—leq“l (see Table 1-4 for comparison). ‘The equivalent ionic

conductances of the alkali metal ions in PC inc;eases,from Li up to Cs ,
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despite the fact that the ionic crystal radius of Li+ ig the sméllest, and
that of ¢s+ the largest. This reversed trend was observed in most aprotic
solvents as well as in water, and is caused by the tightly held sheath of
solvent molecules attracted by the intense electrié field of the small
ion; The équivalent ionic conductances of Li+,_ﬁaf'and K+ in PC are

7.30, 9.40 and 12.0, respectively (see Table 1-4), aﬁd.it is expeéted
that the equivalent ionic conductances of Rb+Aaﬁd:C$f aré even higher,

The solvated radius of ions in nonaqueous solvents is discussed by

160 The radii of the solﬁated alkali metal

Della Moniéa and Senatore.
ions increase from L’i+ to Cs+ in mbst solvents (methanol; forﬁamide,
N,N-dimethylformamide, dimethylacetamide, pyridine, acetonitrile and
sulfolane). .The same trgnd was observed by Yao and'Bennion84 in DMSO.
Mukherjee; Boden and Lindauer79 report equivalentICOnductances for Li+
and K+ in PC of 7.30 and 11.97, respectively.

The';ddition of MC1 to AlCls solution in PC results in two effects:
addition”of M+ ions, and a conversion of Al(PC)63+_£o AlCl4; ions; dn
the basis of the discussion so far, both effects_fend to inérease‘the
conductance, and the increase is larger as we moQé along the alkali
metal series from Li toCs. The equivalent conducténce of Al(PC)63+ is
not known since extrapolation to infinite dilutioh‘of AlCl3 in PC is
tenuous (because of the minimum at low concentrations (see Fig. 1-3)),
and therefore quantitative analysis is not possible. An additional and
opposing effect is the change in the viscosity of the solution. Since
viscosities were not measured in the present work, the discussion of

81

this effect is based primarily on data in the literature. Keller, et al.

report viscosities at 25°C of 5.72 and 7.16 cp for AlCl3 (1.03 M) solution,
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' and for saturated LiCl solution in AlCl (103 M), respectively "The -
visc031ty of pure PC is 2.48 and 1.33 cp at 25°‘and 60°C, respectively 81
Eisenbergl6l measured viscosities of LiAlCl4 solutlonSvln PC. The
viscosities of 0.75 M and 1.25 M LiAlCl4 solutions in PC at 25°C are.

4.42 and 7.57 cp, respectively. |
It is well known that viscosities do not change in the same manner
as conductiuities. Viscosities of electrolytic‘soiutions have been

used as en’indication of the degree of structuredness'within the solvent.

" In aqueous solutions the effects are generaily ascribed'tovthe ability
of the varlous ions to increase or decrease the structure of water’ over. :
that of the pure solvent. Small 1ons; such as llthlum, are structure
nakers,vwhile large simple ions, such as cesium; are structure breakers.

'This is the reason why the viscosities of aqueous alkall metal solutions
.decrease as the cations change along the series from L1+ to Cs'. According
to this cons1derat10n, the effect should not be observed for solventsA
exhibiting only a small amount of structure. However, Crlss‘and_
Mestroiannil62 discuss this matter, and show that even.in structureless

‘solvents, the Bn coefficients in the Jones-Dole equationl_63

n/ng =1+ A ct/? 4 B C | (4-1%&)

decrease with the increase in the size of the ion. Tbis can only-be
_explained in terms of structuring the solvent by the smaller cations.
In the present system, the origlnal solution is AlCl (1 m)-PC and‘not‘
pure PC. ‘Thls solution possesses a large degree of order to begin w1th
The addition of LrCI to this solution destroys the previous order by

but the small Lif‘ion is a structure

converting Al(,PC)_63+ to-AlClA,
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maker, and:therefore the viscosity increases. On the other hand, the
addition of CsCl, for example, destroys the initial order, but the large
Cs+ ion is a poor order maker, and it is predicted, therefore, that the
increase in the viscosity with concentration will be small or even

reversed in the case of RbCl and CsCl solutions in A1C13—PC.

Evidence that the viscosity decreases with the size of the cation

82

can be found'in the viscosity measurements of Mukherjee and Boden. The

Bn coefficients in PC follow the order LiCl0

in agreement with the increasing size order.

> n-Bu,N C10, > Et,N C10

4 4 4 4 4’

The minimum in the conductance curve for LiCl in AlCl3 (1 m)-PC

82,95,96,97 The

can be the result of ionic association of LiCl in PC.
association constant for LiCl was estimated to be 557 from conductance
measqrements,82 and as 59 from emf measurements,96 The minimum in the
conductance curve of CsCl in AlCl3 (1 m)-PC can bé the result of a

combination of the opposing factors which.determiﬁé-the conductance of

the solution.

The minimum in the plot of the equivalent conductance of AlCl

81,88,159

3

in PC was observed by several workers (see Section 1.5). There
is no conclusive explanation for this behavior at low concentration. An
attempt to explain the minimum by the water content. of the solvent seems
questionable because the minimum wés observed by threé independent
laboratories and the water contents were probably different. Moreover,
if we assume that the minimum is the result of the water content, we

can extrapolate to infinite dilution, neglecting the minimum (see Fig.

103), and obtain the molar conductance at infinite dilution,

-—

Ao = 18 ohm—lcmzmole—l. The equivalent conductance of AlCl4

was estimated
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before at 27.2, and according to this, the equivalent ionic conductance

of Al(PC)63+_wou1d'be

. - | oy -l 2 -1
AAl(Pc)63+ = 4/3 18 - 27.2 = -3.2iohm cm eq

On the basis of this discussion it seems that the minimum in the equivalent

'cqnductanCe”cf AlCl, is not the result of impurities; and is probably

3

associated with multiple ionic equilibria.

4.5, Density Meaéurements and Excess Volumes

Density measurements at various molalities of the alkali metal

chlorides in AlCl3 (1 m)—PC solution at 25° andv35°Cl(see Section 3.5)

show thet adding NaCl, KCl, RbCl or CsCl increases the density of the
solution, while adding LiCl:decreasesvit elightly. The order of the
increase in the density follows the order of the molecular weights of
the alkall metals Thls was quite expected because for example 1 mole

of CsCl weighs 168. 36 gr whlle l mole of LiCl only weighs 42.39 gr.

_The den31ty,of 1 molal CsC1=solut10n in AlCl (1 m) -PC is 1. 35967‘.

:and that of LiCl only 1.25945 gr/cm3.

In order to isolate the influence of the addition of alkali metal.
chloride to AlCl3 (1 m)-PC solution, the excess volumes were calculated.
The excess volume is the difference between the experimental specific
volume and the celculated specific vclume, underﬂthe assumption that

the volumes of the solvent and the solute are additive. The specific

molar volumes of LiCl, NaCl, KC1, RbCl and CsCl.at 25°C are 20.498,

- 26.993, 37.58, 43.1857 and 42.2166 cm3/mole, reepectively. The calculated

speciflc volume of a solut1on of molality mMCl in AlCl (1 m)—PC was

calculated accordlng to
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m

Mve1 Y mer T Vaicr -pe (1133.34)
Veale = oL W) " 1133.3% (4-15)
calc ™c1 Y Yuer ad
m

where Tycl is the molality of MCl, v is the molar volume of MC1,

MC1

vAlCl3—PC is the spgcific volum% of AlCl3 (1 m)-PC‘sqlution (0.79187 and

0.79811 cm’/gr at 25° and 35°C, respectively), and (f. W.),., is the
molecular weight of MCl. The number 1133.34 is-thevéum of 1000 gr PC
and 133.34 gr A1C1, (1 mole of AICL).

Table 4-3 presents the experimental specific volumes, the calculated

. specific volumes, and the excess specific volumes for various molalities

of MCl1 in A-lCl3 (1 m)-PC solution at 25°C. Table 4-4 presents the similar

regults at 35°C.

3
can be calculated from the specific volumes of pure'PC, AlCl3 salt and

The specific excess volume of 1 mole of AlCl in 1000 gr pure PC

AlCl3 (1 m)-PC solution. The excess volume of A1C13 (1 m)-PC is then

0.687 1072 and 0.811 102

cms/gr; at 25° and 35°C, réspéctively.

In general, the spécific excess volumes are ﬁoéitive, except in
the case of KC1(0.5 m), RbCl(O.l m) and CsC1(0.0025 m). The negative
excess volume for CsC1(0.0025 m) might be due to éxperimental error |
because of the low concentration; however, in thé case of KC1(0.5 m) and
RbC1(0.1 m) it is not clear whether the negative values are in error
or are meaningful. The excess volumes are in thé order of 1-27, which
- means that the volume of a unit molality solution of alkali metal
chloridgiin AlCl3 (1 m)-PC increases by 1-2% ovér the sum'of the volumes

of the solute and the solvent. It seems that reorientation of the

solvent's molecules does not change the volume significantly, and the

, .
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" ‘Table. 4-3. Excess specific volumes of alkali metal
chlorides in AlCl3 (1 m)-PC at 25°C.

Salt mMCl_ Vexp(cm?/gr) vcalc(§m3/gr)ﬂ'2102 vexcess(cmB/gr)
LiCl 0.5 | - 0.78625 |

1.0 0.79399 . 0.78075 . . - +L.325
NaCl 0.01 0.79230  0.79170  ~  +0.060
0.10 0.79128 0.79017  +0.111
0.25 0.79049 0.78766 +0.283
0.50  0.78984 0.78357 +0.627
KCL  0.0025 0.79265 0.79182 = +0.083
0.01 0.79211 . 0.79168 . +0.043
0.10 0.79270 0.78999  +0.271
0.25 0.78930 0.78721 +0.209
, 0.50 0.78240 0.78270 -0.030
RbC1 0.01 0.79160 0.79140 . +0.020
| 0.05  0.79047 0.78872  40.175
0.10 0.78590  0.78728 . -0.138
0.25 - 0.78265 0.78057 © +0.208
| 1.00 0.75783 0.74995  +0.788
CsCl 0.0025 0.79134 0.79167 -0.033
0.01 0.79134 0.79106 +0.028
0.50  0.75790 ©0.75445 . +0.345

- 1.00 - 0.73547 0.72188 ‘ A +1.359
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Excess specific volumes oanlkali metal
chlorides in AlCl3 (1 m)-PC at 35°C.

Salt ﬁMCl vexp(cms/gr) vcalc(cm3/gr) ‘;02 vexcess(cmB/gr)
LiCl 0.50 | 0.79238
1.00 0.79922 0.78677 +1.245
NaCl® 0.01 0.79830 0.79794 +0.036
0.10 0.79777 0.79639 +0.138
0.25 10.79670 0.79383 +0.287
0.50 0.79630 0.78966 +0.664
KC1 = 0.0025 0.79840 0.79806 +0.034
0.01 0.79826 0.79792 +0.034
0.10 0.79724 © 0.79619 +0.105
0.25 0.79532 0.79335 +0.197
10.50 0.78870 0.78874 ~0.004
RbC1 0.01 0.79764 0.79764 0.000
0.05 0.79798 0.79492 +0.306
0.10 0.79277 0.79345 -0.068
0.25 0.78912 0.78665 +0.247
1.00 0.76389 0.75560 +0.829
CsCl  0.0025 0.79800 0.79791 +0.009
0.50 0.76280 0.76027 +0.253
- 1.00 0.74177 0.72731 +1.446
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ions fit qomfortahly bétweeh the solyent's moleéuléé Withouf causing
changes in volume. Tﬁe'exaess volume increases Qith:tﬁe slze of the
alkali metal ion, wifh the exceptionfof lithium chléfide} for which the
excess volume 1s close to that of CsCl. Thevexéeéélﬁolﬁme of adding

3

‘coﬁplex is formed.

'AI1Cl, to pure PC is also quite low, despite the fact that Al(PC)63

4.6, Micropolarization of the Alkali Metals in Their
' Chloride Solutions in AlCl3 (1 m)-PC

iMiC:opolarizations of the_alkali me£a1s in alkéli metal ghloride

solutions in AlCl, (1 m)~PC were ﬁresentéd in Fig. 3-40 to Fig. 3-44.

The Apbarept exchange current dénSitieé:wéfe-caléulated from the slobes
at the poirnt of zero.current. A lineaf behaviof cén be obégrved for
~all the’alkéli mgtals over a wide rangevof alkéli”méfal chioride con-
éentrdfiéqs. Using:é low current and'mddéfate étirfiﬁg ensured the
eiiminatioﬁ_of cohéehtratioh ovefpoientiall Thé'épﬁarent exchanée
cufreﬁt dénsitiééywefe.not éérrected for the nonunifOrm currén;'densitieé
acrosé fhe éurfacé of theﬁeléctrddes.,‘The influgnéé of the nonnniformity
of the cﬁrrent across the electrode is diséussed in Section 4.7, ﬁhere
it is shoWn.that, despite relatively low conductivities, this correction
is negligible for the present case, becausevof‘iowvéxchahge current
&ensities. | |

Ihe comparison of tﬁe magnitudé~of the exchangé.cufrents to cor-
respondiﬁguyalues in thevliteraturevis restricted'fé the lithiuﬁ systéﬁ,:
becausé'nq_informa;ion is available for the tesﬁ of'£he alkaii:metals.
The<éxéﬁﬁng; current densify of Li in LiAlCia (1fm), according Fokthe |

- present results, are 1.02, 1.5 andAZ;O mA/cm2 éf325°, 30° and.35°C;
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respectively. These values are in.general agreement with the exchange

47 for

currents of 0.40, 1.05, 1.49 and 2.35 mA/cm2 repqrfea by Meibuhr
LiAlC1, (1 M) at 19°, 35°, 46° and'55°C? respecfivel&.A A plot of the
exchange current densities vs. 1/T is presented in Fig. 3-45, and the
calculated énthalpy of‘activation at zero polarizatiqﬁ, Ho* = 8.6 kcal/
mole, 1is iﬁ agreement with an enthalpy of 6.4 kcai/mple, reported by

Meibuhr.*’ Kinetic measurements of Li in LiCl0 solutions in PC were

4
. 46 48 L ‘s .

performed by Meibuhr and Scarr. The exchange current densities in

'LiC104 (1 M) solution were 0.95, 1.8, 3.4 and 5.25 mA/cm2 at 28°, 43°,

48 The io values

58° and 67.5°C, respectively,46 and 1.78 mA/cm2 at 23°C.
for LiClOA'solution in PC are of the same order of ﬁagnitﬁde as those
obtained here for LiAlCl,. Butier, et a1.%? foﬁhd\phét the current
density ;haﬁgeé significantly during the first féw minutes after the
preparation of a clean fresh Li surface. However,béllbearlier éxperiments,
as well as the present ones, were perforped on agéd.Surfaces, which is
a more practical coﬁdition. Pre—anodizagion of the surface was necessary
to obtain reproducible results. It is not clear ﬁhether this procedure
rémoves adsorbed impurities or breaks an insulating film on the electrode.
Scarr48 reports two_levels of activities of Li electrode in LiClO4
solution in PC, depending on the.pre—treatment off#he surface, and the
lower level of activity was associated with film formation.

The.exchange current densities for the rest éf the alkali metals
are lower than those for Li. The wide differenéeé in the ekchange
currents in the alkali metal series are discussed in detail in Chapter

VI, where the medium effect and the influence of the individual ionic

energetics on the electrode kinetics is discussed with regard to the
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alkali metal‘amalgamslv The order of activity ofithe alkali metals is
Li>Ce>Na>RB>K. This-ordervmight'also be the'resultiof the reactivity
of some of the alkali metals toward impurities,'water and even'the’
-solvent itself. This is especially true for.potaasium, which showed
' reactiv1ty toward PC solutions which were not treated with molecular
31eves. The exchange current density of Na electrode in NaCl(0.5 m)
fsolution iniA‘lCl3 (1 m)-PC is 28 uA/cm at 25°C, which can be compared
}qualitatiuely to a value of 12 uA/cm2 for Na electrode in NaClO (0.5 M)V:
‘ solution in PC at 19° C.60 The low exchange currents for potassium are
rdefinitely ‘the result of the relatively unstable behavior of this metal -
~in PC. Ihe relatlvely high exchange current densities for Cs electrode -
:'_might befthe result of the fact that the metal melts‘at 28.5°C, and
ﬁthereforefthe metal is very soft at room temperature..

The~transfer coefficients of the"electrOChemical‘reaction at tne ;_L
‘alkali‘metal electrode-interface can be Calculated?irom the dependence:;f
of the exchange current density on the concentration of the reduced
ion: 164 165 |

3 log iaO

LT %" Tlegor (4-16)

':1whére o is the cathodic transfer coefficient. Figure 4—2'presents theﬁf
plot of log iao' .- log Tycl for all the alkali metals, as well as the =
.'ifcalculated o, - .The cathodic transfer coefflcient for Li is O = 0. 75

_ 3in agreement with o, = 0.8 reported for,L1AlC1 yin ?C, and o, = 0.62 - 0 72

4
: iAo 46,47 ,48 . e
for LiclO4 in PC. , The lithium system was further 1nvestigated: E
at three different temperatures, 25°, 30° and 35°C. The plots of log
iao vs.llog.m

Lic @t the three temperatures are presented in>Fig;v4e3,
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Determination of the cathodic transfer coefficients of the

alkali metals in AlCl3(1 m)-PC.
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Fig. 4-3. Determlnatlon of the cathod_lc transfer coefflc:Lents of Li
in AlCl (1 m)-PC at 25°, 30° and 35°C.
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and the parallel lines show that the transfer coefficient does not change
over this temperature range. An average a, = 0.7510,05 was calculated
for the three temperatures. - v

| Lithium was also deposited from LiA_lCl4 (1 m) solution in PC on
a rotating disk electrode (see Section 3.9) at ﬁqdérately high current
densities, well in the Tafel region. The'exchaﬁge‘pﬁrrent density |
defived from this range was iao = 1.7 mA/cmz, ih‘fﬁiriy good agfeement
with the eﬁchange current obtained from the midfopolarization experiments.
The cyc;ic yoltammograms, which were obtained féf K, Rb'and Cs (éee
Sections 3.1-3 to 3.1-5) are covering the Tafel regibn ahd aré also in
qualitative agreement witﬁ the miéropolarizatioﬁ'reSﬁlts. ‘Although the
voltammograms include the ohmic drop between thé wofking'and the ref-
erence electrodes, Tafel behavior can nevertheless be observed quali-
tatively in some of these figures. The behavior of the rest of the
‘alkali mgtals in the Tafel region, where practiéaibpurrent;'in the order
of at least 10 mA/cm2 are being applied, should be investigated in the
future. It is helieved that the exchange currenfs'in this region are
higher than the values éhtained in the micropolafizétion experiments,
because.df’continuous renewal of the active sufface, and the breakage
of possible film formation at high deposition or_diésolution rates.

4.7. Nonuniform Current Distribution and Ohmic Drop
Effects in Micropolarization Measurements

The micropblarization method is used frequently to determine
the exchange current density of an electrode reaction. According to
this method, the exchange current density can be calculated from the

N

slope of the linear polarization curve at the point of zero current.
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This meth§d is valid.only whén the current distrib#ﬁidn is uniform at
the surface of the electrode. The nonunifbrmity jof.the‘curfenﬁ.islI'
dictated by the geometry of the systeﬁ. Nevertﬁéiesé, many kinetic
measureménts wéfé perfqrmed under nonuniform :condiﬁions,'and serious
errors ;ahiresult under certain conditions, espééiélly whenvthe exchange
current denéity is relativeiy high; the conducténce_of the solution is
‘1ow,rqr wﬁen'the linear dimension of the electrade‘ié large.'

When the overpotential is measured between fﬁé‘WOrking electrode
. and the.réference electrode placed some&here in thé solution, this
quantity inéludeé’thé surface activation overpotential, the ohmic drop,
| and_cdnééhtfation overthential. In order to isoléte the surface over-
potential (or»the charge transfer overpotential); the 1ést two con-
tribqtions'should be subtracted. The concentration overpotential can

[
he calculated for certain Systems.166’167

In the,qase of relatively
31dﬁle1ecfr6de feéction,bﬁhen‘io?iik)mﬁ/cmz, the ﬁiéropolarizatioh
experimeﬁts are caffied out ét low currents, ;ﬁd tﬁevconcentiétion
6verpoten£ials may be négligible. In addition, féfced convection, in
the form.of agitation'pr flow, can eliminate the‘concentratioﬁ gradients.

A pulse technique can also be used for this purpgse.l68

The ohmic drop can be calculated analytically for certain geometriesl67
by solving the,Laplace's'equatiop,or can be estimated experimentally by
interrupting the current and following'the immediate potential drop

168,169 Since the cﬁrrent_interrupter technique

within a few microseconds.
| 46,48 ,49

" was frequently used in kinetic measurements of -nonaqueous systemé,
including the present one, the validity of such measurements will be

examined. Concentration overpotential will be ignbréd by assuming uniform
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bulk concentration up to the:elec;rode's surface. The analysis is
restricted tb a disk electrode embedded in an insulating plane. The
alkali metai electrodes used in the present polarization experiments
can fit iﬁto.this geometry because the wire electrddes‘Were coated with
- epoxXy and'éut, exposing disk-shaped active surféces;' The nonuniform
current distribution is associated with a nonuniféfm'oﬁmic poteﬁtial
drop. The question afises, according to Newman: ““.:.‘; What ohmic

169v The ohmic

potentiai drop is measured by an interrupter ﬁechﬁiQue?"

drop is édme average value which does not prevail é&erywhere on the

electrode. On interrupting the current, the double layer capacity

remains charged, and the potential just outside the double layer changeé

b? a uniform amount over the entire surface of the eieétrode. Therefore,

the measured ohmic drop corresponds to the primar&vcurrent distribution.169
Undér‘ﬁonuniform current density conditions, the exchange current,

io, determined from the linear polarization, depends on the location of

the reference electrode, because the measured overpotential is related

to the local current density which differs frombthe average current

density. The correction can be obtained by solvihg1the secondary current

distribution subjected to a boundary condiéion of linear polarization.

The present anélysis follows the treatmenf of Tiédemann, Newman énd

Bermionl]O concerning the error in measurements of electrode kiﬁetics

caused by nonuniform ohmic potential drop to a disk electrode.

The local current density is given by

; = i F_ ' -
i(x) = i " o _ (4-17)
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The average curfent'deﬁsity is related to the apparent overpotential, .
calculated by the current interrupter technique,

. o F '
i(ave)_ iapparent"R,T Napparent - (4 l$>
The 1pca1 oVerpotential, n, is the difference between the electrode

~ potential V, and the potential just near the electrode at a particular

position;fr; The correction for the apparent eXchéhge current is given.

by
o n_ .
i - -i(r) apparent _
o : (4-19)

.0

i -
lapparent appargnt-

The COrrectiQn was solved for the genéral'arbitréry 1ocation of the

reference_ﬂelectrode:1'70
40 nJ 4Kwr°V .z N S
o =TTl X Py, () (4-20)
. . n=1 (o] : . .
+ dpparent

The noméﬁclatﬁfe is'given in'Ref.fl70, and fdlldwé;fhe'qsﬁal'Newman's .
,nomenclature;167'

b’.Thessbiutioﬁs for thfee.speCial'caseS~are giﬁenvin Fig. 4-4, where:
;A, Tﬁe.reference electrode is placed at the centér §f the disk, B. The
 ,reference_e1éctrode is far away from the electfqde and C. The referencé:
- electrode ié located af the edge»bf the disk eleétrode. The correction
is plqtted against Jf | |

Fr i~ - ol

J (ahv+ ac) RTk_ e ,‘ (4—21)
J representS, in a way; the throwing power of the system. At the cenféf“

of the diék the appérent'ekchahge'current is largef than the true one

because the local current is lower than the average.
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Fig. 4-4 Correction in i_ determination for linear polarization

for various positions of the reference electrode
relative to the disk electrode.lTO _

Curve A approaches 0.5 for large J, while

Curve C approaches infinity. ’



~187-~

|

The situation'is onposite at the edge, where thebiocal_currentnis higher.
Large error can result from measurements where the reference electrode :
is located at the edge. The best location is far away from the electrode;
-however,;under this condition the ohmic drop becomes ‘a 51gn1f1cant part
 of the total overpotential and the resulting error. is probably higher
:than the error due to the nonuniformity of the current.
?he,exchange current densities reported in the present work (Section

3.6) are’the.apparent ones; however the corrections-are negligihle. _ |
‘Considering the extreme conditions, r = 0 5 cm,v_ 5 10 -3 ohnflcm-l;

=‘1.0 mA/cm and assuming gac + aa) = l,.ue canvestinate the 1argesth
" possible J for the present'systemsvto be “
| | J=4
: Since‘the'reference electrodes were located far'anay'fron the disk
ielectrode, the correction according to curve B in Fig 4 4 -is. about

0/0

= 1 1, wh1ch is negligible espec1ally since the errors in
apparent

' the exchange current values are probably more than 10%.. It should be
- mentioned here that the extreme conditions given aboVe were realistic
only for.the lithium system.” For the rest of thedalkali metals the

:Vexchange current densitiesvare ten times 1o&er,'and'the conductivities
.‘are somewhat higher, both resulting in lower J,3and:the correction is .
probabiy in the order of 1%;. This analysis is not appliedvfor'thev~
polarizations of the alkalilmetal amalgams because the speciaily designed
cell ensured uniform current distribution (see Fig;_2-15). Tiedemann

and Bennion171 have criticized Scarr's results about the kinetics of'

Li in LiClO4 solution in ‘PC. Scarrasiplaced his reference eledtrode

near the edge of the'electrode, and the J number‘of‘his system 1is about
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10, resulting in a correction in the order of a factor of 2 to the reported

o

apparent” The criticism of Meibuhr's results,,[‘6 that it was not cor-

rected for the nonuniform current distribution, éeéms unjustified because
in fhis work, the reference electrode was placed fat away from the working
electrode,‘and therefore, the approximaté J numbef is very small, re-
sulting in a negligible correction of the exchahgeAcurrent density. In
trying to find an agreement bétween their results i@'dimethyl sulfite

46,48 Tiedemann and’Bennion171 seem to

and kinetic ﬁeasurements in PC,
have overloéked the fact that their kinetic-meaéqrgments.were_performed
in a different.solvent, and medium éffects:ﬁust‘be'cénsideréd éé.partiy
responsiﬁle for the higﬁer exchange currents inzdihéthyl sulfite. The

effects of the solvent on thé electrbde kineticsvié &iscussed in Chapter

VI.

4.8. 'Mierpolarization‘of’the Alkali Metal Amalgams in
Their Chloride Solutionsvin,AlC13.(1 m)-PC

~Micropolarizations of the alkali metal amalgams in the corresponding

alkali metal chlorides in AlCl3 (1 m) solution in PC are presented in
Fig. 3-46 to Fig. 3~50. The experiments were pefformed in a cell
especially designed to eliminate nonuniform current’distribution at the
amalgam electrode, and to minimize ohmic drop (sée:fig. 2-15).

Thé potential associated with the passage of an applied current is
the sum of?_ 1. Charge transfer overpotential, 2. IR drop between
the working and the reference electrode and 3. Conqentration overpotential.
‘The IR drop was small due to the short distance between the tip of the |
capillary and the surface of the amalgam. The Ik,drop was estimated by

the current interrupter technique and subtracted from the total over-

potential. Concentration overpotentials were small because of the low
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currents and‘the short time of'the micropolarization. The cnrrent was -
applied only. for a few seconds, the minimal time necessary to read the
overpbtential on the differential voltmeter. However, the increase in
the potential at the cathodic direction in some  of the micropolarization
- curves in Fig. 3-46 to Fig. 3—50 and the appearance of an "almost |
limiting"cnrrent" like‘behawior at‘low concentrations, suggest that
concentration overpotential might exnlain the largevcathodicvoverpotentials.ﬂ
iThe concentratlon overpotential and the trans1t10n t1me can be estimatedr.
.from the solutlon glven by - sand172 173 for the case of diffusion from ar
semi—infinlte column of electrolyte, under galvanostatic conditions. The

difference between the bulk concentration,'Cs;‘and the surface concen-

tration? C(OQQ)?;QF-time le given by

. L2400 »
SR 8

The transition time, T, which.is the time when the 1nterfacia1 concen-

tratlon of the ions being discharged drops to zero, is given by

4v(nFCb> ._»'.‘ | . ;4;22)

and the concentration overpotential can be expreSSed'by

k(o [EY oy
n, =5 n (1 E > o | (4-23)

The diffusion coefficient in the present system is in the order of

174

D The maximum current was in the order of

3 10-.-6 cmz/sec.

i=0.1 mA/cmz. The lowest concentration was in the range of Cb = 0.01 m.
The transitlon time for these extreme conditions is about 250 sec, which

is about ten fold-thertime of eachumeasurement. The concentration
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overpotential can be estimated as
N, = 0.059 log (1 - 0.1) = 0.010 volt .

Therefore,-under these extreme conditions, the conéeﬁtration overpotential
starts télbecome significant, and is probably the:fgasoﬁ for the sharp
increase iﬁ.the cathodic.overpotential. The exchange current densitiés
were caiéhléted frdm the linear zones, where the cﬁrrents were less than
:about 0.02 mA/cmz. For this current, and under ﬁhe:éame extreme con-
vditions, the transition time is in the order of‘iOO minutes, and the
.conéentrétion overpotential is hegligible. For concentrations in the
‘order of 0.1-1.0 m the concentration-overpotentiéiéiwére negligibie under
'all conditions. For example, the concentration_éééfpotential for d.l m
MC1 solﬁtioniin AlCl3 (i m)-PC at 0.050 mA/cmz,:éftér Oné minute;.is
n, = 1.3'ﬁV,'whicb is negligible compared to the total oVerpotentiai‘of
~ about 50 mV.‘ In conclusion, it.is quite pbssible that the shafp increase
in the cathodic overpotentials is the result of chcentration over-
‘potentials; éspeéially when the alkali metal concéﬁtfation was low, and
the curréﬁt was felatively high. The micfopolarization experiments were
completed as quickly as possible, and the manual increase of the curfent
:was preferred over a bulse technique because of fhe.accurauy in measuring
phe steady state overpotential using a.very accurafe differential voltmeter.
The transfer coefficients of the alkali metalramalgams.were obtained
by plotting log ia0 vs. log Dycl® and the cathodic.transfer coefficients
were calculated from the slopes of the straight lines. The transfer
coefficients are preéented in Fig. 4-5. The trénsfer coefficient of
Li(Hg) is the highest, a, = 0.77. The transfer cbefficients of Na(Hg),

K(Hg) and Rb(Hg) are equal, o, = 0.61. The transfer coefficient of Cs(Hg)
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. 4-5. Determination of the cathodic transfer coefficients of the  _;

alkali metal amalgams in A1013 (1 m)=PC-solution.
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is somewhat highgr, n, = 0.65.

In order to compare the kinetic _parameters-obtained from the linear
polarization and from the concentration depeﬁdence.of the exchange current.
densities, the polarization data is replotted according to the Tafel
equation.s (see Eq. (3-11) and (3-12)). Figures 4—’6v ‘to 4-10 preéent_ the
Tafel plots for all the alkali metal amalgams in different alkali metal
chloride mélglities in AlCl3 (1 m)~-PC solution. The.Tafel‘plots are
asymmetfical :because the cathodic transfer coefficients are greater.

‘than 0.5. Similar plots afe illustrated by Vettef.173

The exchange
current density, in each case,’was calculated ffom.the intercepts of

the cathbdic and the anodic asymptotes. The cathodié transfer coefficiént,
o, , was obtained from the slope of the anodic asymﬁfote, and the anodic
transfer cdeffiéient was obtaingd from the siope'of ﬁhe cathodic asymptote.
The exchange current densities, the cathodic and ﬁhé anodic transfer
coefficienﬁé are présented as well in Fig. 4-6 to 4-10. Comparison of

the preseﬁt.results with fhe exchahge current densities obtained in Fig.
3-46 to 3-50 shows good agreemenﬁ. The eichange3cﬁrrent densities in

both cases are of the same order of magnitude. The sumé of the cathodic
and anodic transfer coefficients iﬁ each case vafy betwéep 0.72 to 1.11,
and in most cases the sum is very close tb 1.0, as can be predicted from

" the charge transfer theory. 1In all cases the cathodic transfer coefficients
are greater fhan 0.5, and generally are in good agregment with the coeffi~
cients obtained in Fig. 4-5. The results for Li(Hg), presented in Fig.
4-6, are somewhat doubtful as the overpotentials were below the Tafel

region which starts at around |n| > 70 mV. .

The averages of the cathodic transfer coefficients were calculated
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for each alkali metal amalgam. The average cathqdié transfer coefficients
are 0.67, 0.76, 0.69, 0.75, 0.59 for Li(Hg), Na(Hg), K(Hg), Rb(Hg), and
Cs(Hg), résbectively. These values ére withiﬁrgéneral agreement with_fhe
values of‘0.77, 0.61; O;Gi, 0.61 and-d.65, respeétively, which were
obtained in Fig. 4-5 from the concentration deﬁendgnce of the exchange
current densities; As a geﬁeral rule, the transfér coefficients for the
alkali metal amalgams are approximately equal to 2/3.

The kinetic parameters of the alkali metal amalgams in Al1Cl,-PC

3
solutions are discussed further in Chapter VI, where the influence of

the solvenf on the rate of an electrochemical reaction is investigated.

The kinetic parameters of the alkali metal amalgams in PC are compared iy

to the parameters in aqueous solution, and the réiative rate constants

are related to the energetics of the individual ions in each solvent.
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V. THE THERMODYNAMICS OF ION SOLVATION
. IN PROPYLENE CARBONATE .

:5.1. Introduction

The evaluation of single-ion solvation energies and the variations
from one éqlVentvto another is a fundamentéi problem‘in'solution cﬁemistry.
The éolvatién free.energies, enthalpies and enfropies'qf individual ionsj
aré of greéf importancé because they reveal the nature of thé ion—
sol&ent interactions, For a long time attemﬁts haVe‘béenvmade to esta-
blish a uﬁiVefsal scalé of standafd.ﬁoténtials, independent of the
.861§eﬂt. In order to establlsh unlversal scales of ‘standard potentials

and medluﬁ effects, actlvity coeff1c1ents of slngle 1ons and 11qu1d

'junction potentials between different solvents must be fully understood.

Spgcial'attention is given here to the estimafibn of single ion
'solvation energies.  The influence of medium effeéfsvon the electrode
ﬂkinetics of the alkali metals in PC in compafiSOn{téiwater will'be
dlscussed 1n detail in Chapter VI.

5.2, Medium® Effect or Solvent Act1v1ty Coeff1c1ent

' The activity of a solute i is commonly referred-to infinite dilution

standard state in a given solvent:

a, =m Y. o . (5"1)

wherg m, is the'molality and yis is the salt-effectkéctivity éoefficient,
‘.which'becbmes unity at infinite dilution in the given solvent. The main -
'iimitation of this formulation is that the activity scale is épecific

-for ea;h solvent due to. the different standard sﬁé;e; In ordéf to
'Compare“the activities of aISQIUte in different éolvents we héve to

refer to a common standard state. ‘Usually, an infinitely,dilutedbaqueous



~200~

solution is chosen as a standard state:
. =m, Y, 5-2
&4 iV1 : (5-2)
where Yiw = 1 at infinite dilution only in water. When the solute

molality approaches zero in a nonaqueous solvent, the activity coeffi-

cient approaches the medium effect Yim:
.Y =Y, as m, >0

Thus the activity coefficient of a solute of molality m in nonaqueous
solvent is the product of the medium effect and.thé_salt effect
‘coefficiénté' N ‘
AP P T R (5-4)
and |
a2 Yy 'tf | 59
For aquebps solution Yim = 1 at all concentrations.
The'ﬁedium effect can be expressed in terms“of_free energy of transfer
from water to the given solvent |

.

AGto = RT 1n yim . (5-6)

The "mediu@-effect” Yim is referred to by other némes, such as '"'dis-
tribution coefficient", "partition coefficient",lmedium activity
.coefficient" and "solvent activity coefficient"._l42
The éentral problem is fo split the medium effect of an electrolyte
.vinto iﬁdividual ion medium effects

Yiho= Oyt () (5-7)
It is impossible to measure experimentally singie ion medium effects. In

order to split the measurable total medium effect, some extra—-thermodynamic

assumptions have to he made.
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We prefer here to deal with solvation energies of individual ions
rather than medium effect, since solvation energies are more fundamental

physicochemical properties.

5.3. Free Energiés of’Solvation‘of IhdiQidﬁal Ions
The free energy andlenthalpy of solvation of‘éihgle ions are of
gfeat importance.in understanding solution chemisffy% TheAﬁost»cdmmon
equations fér évéluating these quantities are tbé.Béfn équations;»

= - _g.z—g).— - —1_ ' ’ T (5-
AGsolv 2‘ri S ;e). S -7

and the Born—Bjerﬁm equation:

- (z e)2 a - 1_ z_vglne )
solv. ~ 2r, e € 9T 7p (5-8)

The usual approach is to adjust the crystal radii r, of the cations or

’

the anions in order to get a linear relation between AG or AH and
l/(ri +v§); where § is a free parameter of the solvent.

. The wide variation in activities of single ions in different solvents

N S . . v S . 142
is usually discussed in terms of solvation energies and medium effects, 4

’ : 176
or in terms of the free energy of transfer from one solvent to another.

The free eénergies of solvation can be obtained from emf data. Con-

sider fori example the cell reaction

Loy sutea 4T, (59
Liggy + TlOl(gy » 1+ Cl+ Ty O

‘The sténdard free energy of solvation of LiCl can be obtained in the

-followihg_way:

o = )
AGsolv - AGsoln + AGlat

(o8

-(5;10)v

where ACla£° is the lattice free energy and is given by
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(o] . (o} (o] ’ ‘ O: .
i = i ) + -4 i + I- -1
AGlat (Licl) AGf (_Ll_g) AGf (Clg) Cg (Llcls) I-A (5-11)

where I is the ionization potential of lithium metal, and A is the.
electron affinity of the chloride. The standard free energy of solution

o ., .
AGsoln. s g}ven_by

Gsoln - enf

o _ o o _ o .
= AG + AGf (TIle) AGf (LiClS) _ (5 12)

AGeme is obtained from the standard cell potentiél. Thus for LiCl the

standard free energy of solvation can be obtained from emf measurements,
“and from the tabulated values of formation and lattice energies. An

" alternative to emf data is to estimate the free energy of solution from

. solubility data

o

soln = " 2RT In (m_ . 'v,) R (5;13)”

t %
where msa£ is tﬁe solﬁbilityﬂof LiCl and Yt is thé.ﬁean molal aétivity

'cpefficient. quever,.soiﬁbility measurements aré usually less'accurate
than poﬁential measuremenfs.‘ |

The main pioblém facing us is to sﬁlitvthe free energy of solvation

of solute MX into the free energy of solvation of the individual iomns,

o
olv

_experimentally, since it is impossible to transfer ions without dragging'

AG 0(M+) and AGS (X). It is impossible to determine these quantities

solv
along the counter ions in an equivalent amount.lrEstimations of individual
free-eneréiés of solvation can provide important physicochemical informaﬁion
and are ver& useful in predictions and correlatiéné of experimental data.
In order to split the measurable free energy of solvafion we have to
make some egtra—thermodynamic assumptions. If a number of independent
extra—thermodynamic assumptions give the same single ion energy of

solvation, then the values obtained are believed to be confident. The
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most common extré~thermodynamic assumptions are:
"a) The tetraphenylarsonium-tetrapheﬁylboride assumpfion.
' o +. o o= .
It is ass that A ° = A6 . %(Ph,B7). Thi ti
1t 1$vassumed that solv (PhAAs ) Solv_( h4 ) 1sAassump‘ on
became very popular since the cation and the anion are symmetrical species‘
of the séme'éize‘and shaﬁe, but the great disadvéntage is that it assumes
that the solvent orientation about an anion is the same as that around
‘a cation, which is mostly wrong.
,b)’ The 1arge'anion—large molecule éssumption.
' ; : S - "o B -
It is assumed that AG 0(X ) = AG (A), where X and A are
: - solv : solv o ;
'similar‘ekcept that X is anion where the negative‘charge is buried
beneath ligands, and therefore, the electrostatic interaction with the
soivent is negligible. The solvation energyvof A can be determined
experimentally since it is not an ion.
c) 'Théiléfge cation-large molecule assumption.
It ié assumed that AGi O(A)- = AG 0(A+) where it is again
: S ‘ ‘solv solv’ ?
"assumed that the electrostatic interactions are negligible.
'd) Zérq-solvation energy for Rb and Cs.
-Lérge alkali metals like Rb and Cs are assumed to have no specific ..
. . . o, + + . ' '
interactions with solvents, AGsolv (Cs or Rb ) = 0.
@) Negligible liquid junction potential.

It is assumed that the liquid junction between the two solvents has

zero potential. This assumptioﬁ can be justified:only when the individual

- free energy of solvation matches values obtéined'under:other assumptions.
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5.4. Empirical Methods of Estimation of the Free
Energies of Solvation of Individual Ioms

Single ion splvafion energies can be estimatéa by different methods,
most of them empirical in nature. The Born eqUatiénband the Born-Bjerum
equationv(EqS. 5;7 andTS;S)*afé often used. The méthod of Latimer,

‘Pitzer and Siansky132 was used by adjusting the cfysfal radii r, of
‘cations~and‘anions until the plot of AG or AH behaves iinearly VS.
_l/(ri + §). This method was subject to several mddificaﬁions conside?ing
the effect of dielectric saturation.177 Halliwgli and Nyberg,178 follbwed
" by Salomoﬁ,lBQ‘propOSed fhat solvatioh energies df_single ions may be
eétiﬁatedlfrom the empirical relétiOn ‘.

aG_ ° - 99352395 - 2Aqs°lV9(R15 | (5-14)
olQO(RI) is tﬁe'éolvatioq enéfgy of the féfefeﬁce ion,‘and.

o, : - o .
1is the difference in the conventional energies of solvation

where AG’
s

conv
between a cation and anion of equal ionic.(crystal)':adii r. For
monovalent ions the conventional energies, referred to the solvated
proton, are given by

e L °mhy - e +

. [e) + = ‘ o : . ) .
AGconv (o ) "~ solv “solv @) - - (5-15)
_ 0 ,0= _ 0,4~ "o j¥
ALconv X ) = AGSOIVY(X ) + AGsle H) | . (5~16)
therefofe
' o _ 0, Fy O u=vy _ o, * _
AG = (AG M ). AGsolV X)) ZAGsolv (h) (5-17)

conv - solv

‘ Plotting the left-hand side against 1/r gives a straight line, and d
the intercept at (1/r) = 0 gives the free energy of solvation of H+.

This method is based on the assumption of concellation of the ion~dipole
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-205-
‘term for r+ =-r_. Clearly this assumption is valid only when the -
 orientations of the solvent at the cation and the anion are mirror
. 179 . o " 139 ' .
1mages. Based on thlS method Salomon ~" estimated the free energies
and enthalples of 51ngle ions in water and propylene carbonate, and by
" extrapolation found that AG ‘ (H in H O)— -235 0 kcal/mole, and
AG Q(Lif in PC) -95.0 kcal/mole._

solv.

5.5. Free Energies of Solvatlon of Slngle Ions -
in AlCl (1 m)-PC solution -

’ Using thL standard eell potentials which were.obtained for the
1alka11 metals in AlCl (1 m)-PC solution (Table 3#7), it re now poss1ble;,

g _to.calculate(the free energy of.solvation forbtbe‘seitvMCii(wbere M is.
le’ Na, K, Rb, or Cs) in AlCl (1 m,—PC The free ehergy of solvation

~ of single alka11 metal ions w111 then be estlmated accordlng to Latlmer,

Pltzer and Slansky s method. 132 Using AG for the cell reaction:

M + T1Cl, "+ 9.8 moles PC + 1 mole -AlCl. = .. L S
s L TTTs) : ’ 3 E (5-18)

- MCl(solution in 1 m AlCl3—PC,.ebcb:that mYMCl =‘l) + ?l(s)
plus the formation and lattice energies, it is possibie to ealculate the

I free energies ofvsolvation of MC1 for all the alkali metals.

® + 86.°(T1C1

ent B6¢°(MCL () + 6, (MCL(y)  (5-19)

' o
AGsolv MC1) = AG Lis

(s)) ~
a6, (MCl( ) = 46, (M ) + AGf (c1 ) = AGf (L1C1 ) + 1 - A . (5—20)
' Free energies of .formatlon,' Gfo, were taken from several sources.180 181 182 .
: o : .

. . . . K -
~Tonization potentials, I, were obtained frovaessonvand Muettelies,183 ‘ |

and the electron affinity, A, of the chloride ion was‘obtained'from
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Berry and Reimann.184 Table 5-1 presents the results. The last column

gives the crystal ionic radii of the corresponding alkali metal, according
to Pauling.ls5

Table 5-1. Free Energies of solvation of the alkali metal
: : ~chlorides in AlCl3 (1 m)-PC solution.

: 0. o ,0 . ARO o o
Salt E2 b6 . Acf(ilcls) AGe (MC1)). MGy (MC1) AG_ . (MC1) rp,A
LiCl 2.045 -47,170 -44,460  -91,700  -188,500 ~ -188,430  0.607
NaCl 1.885 -43,475 =44,460 -91,894 - -170,600 = -166,640 0.958
CKCl  2.116 -48,800 -44,460  =97,760 - -154,100  -149,600  1.331
RbCl 2.116 -48,800 ~44,460 =98,480 -149;000 -143,780 1.484

CsCl 2.122 --48,940 =44 ,460 ~96,600  -144,900  -141,700 - 1.656

The freevenergies are given.iq cal/mole,'and thg p§téntials in volts;
vSinée the ghloride ions are bgiﬁg cémplexéd by the Al3+ ions to

form Al§;4jlions, one éan assﬁme thaf’therfree edérgy_gf'SOIQatipn of

chioridé ion‘in AlCl3 (1 m)-PC solut;on is consfahf and indepehden; of

the ﬁéturé‘qf the alkali metal.cation. Therefore, Qe assume Fhat the

. free energy‘ofisolvation of the alkali metal.chlériae in AlCl3 (1 m)-PC

solution béhaves’acéording to |

o _ o - A
A'Gsolv('MCl) - A"Gsolv(Cl )+ r, + GC

(5-21)
where T is the crystal radii of the alkali metal and 6c is the Latimer,
Pitzer and Slansky's parameter132 for eations in.PC. The data of Pauling
was used for the crystal radii. Figure 5-1 presents the plot of

”AGzoiv(Mci) vs. 1/_(ri + GC). A linear plot was obtained for the alkali

metal cations for Gc = 0.50. The intercept at infinite crystal radii
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Fig. 5-1. Free energies of solvation of thé‘alkali metal chlorides

vs. 1/(r+8) in AlClB(lm)-PC solution’ at 25°¢.
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gives the free energy of solvation of Cl
A6 ,°(C17) = -90.0 kcal/mole
solv

‘.Using_thiéﬁrésultatpeLf;eg‘ggergies>ofs$91vation éf.ﬁb?i?ﬁdiYidPal alkali
:'metgi ;étigﬁsﬂééﬁvngééfiﬁatéd. Table S;é é;;mariZQQZthé‘ééfimafed éree

energieéngf éolvation ofjsingle.ions at 25°C‘in-AlC.l3 (I'm);PC solution.

Also inéluded,vfor coﬁpafison, ére the freé energies of solvation in

' 1
pure PC and in water estimated by Salomon. 39_

Table 5-2. Free energies of solvation of individual ions
at 25° in AlCl, (1 m)-PC in pure PC and in water.

Ton .AGSOls(M) AlCl3-PC‘a) AGsols(M)PC(b) iAGsolSCM)Hzo(b)
S PSS ~98.4- . :95.0 - = —97.8
Nat o -76.6 =719 - -T2.4
Koo -59.6 . -56.6 54,9
rReY 5380 - Ss4s - 5047
st -51.7 . =527 ~46.7
T -90.0 | -88.2 ~100.3

(a) Present work. Solvent: AlCl3 (1 m)-PC solution.
(b) M. Salmon, J. Phys. Chem. 74, 5219 (1970).

Free energies of solvation in keal/mole, on a molal basis.

It can be seen from Table 5-2 that the free energies of solvation

of the individual cations, 6Btained in the present'work‘in AlClB.(l ﬁ)
~solution in PC, are similar to the values estimated by Salomon;39 in
pure PC. The presence of AlCl3 in thé_éolvent changes the free ‘energies

of solvation by apprbximatelyvl—S kcal/mole. ‘Li+, Na+ and K+ are more

- solvated in the presence of AlCl However, the solvation of Rb+ and

3

+ - : ,
Cs remain almost the same, probably due to their large size, and in
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greement, with the popular assumption that the large alkali metal cations
have no sbecific intéraction with solvents, and‘theréfOre their energies
of solvation‘are independent of the solvent. The free energies.of
sol&ation 6f all the alkali metals are lower in AlCl3 (1 m)-PC than in
wéter, which meaﬁs that the cations afe more stfongly solvated in
A1C13-PC than in water.

The free energy of solvation of the chloride 1on in AlCl (1 m)-PC
soiution_is 1ower than in pure PC. The chloride ions are believed to
be comple#éd.by the Al3+ iohé according to the following exchange reactioﬁt

- : 3+ K - .
4 €17+ AL(PC)~ = AlCL, +_ 6 PC (5-22)

The free energy of transfer of C1~ from pure PC to AlC] (1 m)-rC
solution is estimated at -1.8 kcal/mole, hence the_equlllbrium constant

‘for the exchange reaction can be estimated from - .

- ‘ ‘o - - v 0 _. ; ' :
4('A(.;solv(Cl )AlCl3fPC _A‘AGsolv(Cl )PC)';vaT In K . ,

o I : (5-23)
4%1,800  _ 2y 5

K = exp 1798%298 exp(12.203) = 1.99 10

This is the molal association constant of Cl with Al(PC)63+ in PC_solution;
It éhould bé mentioned here that a large association constant of C1 with
Al(PC)63f was predicted by NMR studies.8l Indeed, thiS'should be the

reason for the hlgh solubility of the alkali metal chlorldes in AlClB—PC

' bOlUtiOﬂ ‘while they are nearly insoluble in pure PC The association
constant can be used_;o estimate C1 concentratlpns-ln AlC13—PC systems.

The aééuraéy of the estimated value of K is unknoﬁn,’sincevit was established
from thé Aiffereﬁcé between twovvalues which weré_qbtainéd-b? extrapolation.

K is a measure of the expected strong tendency of the free chloride ions
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‘ + .
to substitute the PC molecules around the Al3 ions, which is responsible
for "forcing' metal cations into the solution.

5.6. Free Energy of Transfer

Frequently, the medium effect or the free enéréy‘of solvation is
expressed iﬁ the form of the free énergy of'tfansfgrbof a solute from a
reference sélvent (usually water) to the particuia?:solvent. This
interpretation of the free energy of transfer as thé difference betwéen
the solvation eﬁergies in the two sblventsvis preéi;é only_for neutral
moleculgs.: Forﬁindividual ioﬁs, the free energj 6£lfrahéfef includes
“an additional ﬁefm ZeX,vwhgre3X'is'the ppténtialvAifference-abross the
interface between the two phases. A distiﬁcﬁibnvéhquld be made betweén
a "real" and a "chemical" solvation energy §f single?ions.v "Chemical"
solvation enefgies express only the solute—solvent:iﬁteractions, while
"real" solvation energies include the potential step across the vacuum-
solvent interface. ‘Free energies of transfer, ihftﬁe present work, aré
referred to as the "chemical" free energy. Table'553 summarizes the
estimated frée energies of transfer of individual ions from water to
Alc;3 (i m)—PC solution and to pure PC. The negatiVe values for the
alkali metal éations indicate that these ions are_mbfe tied in'PC than
in water. The posipi&e free energy of ﬁransfer 6fA§ﬁloride ion means
athap.le is loosé in.PC.aﬁd poorly éolvated, in.agﬁéément with the

general observation that anions are poorly solvated in aprotic _solvents.141
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' Table 5-3." Free energies of transfer of individhal ions
. from water to AlCl3 (1 m)-PC and Pure PC. - '

“Ton 4G My g, a101 -PC 86, My o>pc

_ ) 3. S 20
- Li+ B} . s t-_0.6 A o | ‘+2, "8

Na© . =42 . 40.5

K" -7 Ay
+ .

Rb -3.1 . . -3.8

’Cs+ , -5.0 : _ ,';6;0

c1 4103 | +12.1

(a) Present'work.' Aqueous values were taken,from
Salomon.139 ’

(b). M. Salomon, J. Phys. Chem. 74, 2519 (1970).

. Free energies of transfer in kcal/mole, on a molal
! basis. o : ' o

_,5;];  Standard Entropies of Transfer of the Alkali Metal -
- ' ChloridesjinﬁAlCl3 (1 m)-PC Solution -

The standard frée'entropiés,for the‘geheral ¢é11 reaction

M) + T1CL .y > MCL(ALC1, (1 m)-PC) + T1ig)

were caléulated from the temperature dependence of the standard cell

(5-24)

potentials, and are presented in Table 3-8. These values are tabulated
again in Table 5-4, along with the values for the corresponding cell

reactions in water. The aqueous standard entropies were calculated from -

182

Latimer's tables. The difference between the standard entropies

éorresponds to the following transfer process:

‘MC€l(solution in HZO'such thatnﬂhc1v= 1) + 9.8 moleé PC + 1 mole A1C13 >

MCl(solution in A1Cl, (1 m)~PC such that mY, ., = 1) + 55.55 moles H,0

MC1
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However, a small correction is necessary for the difference in the

186

specific volumes of the two solvents:

R In (v ) - R 1n (v (5-25)

) S
AlCl3 (1 m)-PC H20

The specific volume of water at 25°C is 1.0019 cm?/gr, and the specific

volume of AlC1l, (1 m)-PC solution was measured to be 0.7919 cm3/gr

3
(see Table 3-5). The correction is therefore -0.46 éu, which was added
to the difference between the standard entropies. The calculated

standard entropies of transfer are presented in the last column of

Table 5-4.

Table 5-4. Standard entropies of transfer of the alkali
metal chlorides from water to AlC13f(;'m)—PC

88, ac1,-ec OS2 mo 85
3 2"
Licl -18.4 -0.6 -18.3
NaCl -16.1 +4.9 - - =21.5
KCL + 9.2 +12.0 = - 3.3
RbC1 +55.3 +15.8 +39.0
csCl +64.7 +14.7 - +49.5

Entropies in eu (cal/mole °K) and on a molal basis.

The uncertainty in the calculated entropies is quite high, because
these values were calculated from.differences between extrapolated
values. Therefore, we will refer here only to the sign and the order
of magnitude of the standard entropies of transfer. The standard
entropies of transfer are negative for lithium, sodium and potassium

chlorides, while the values for rubidiqm and cesium chlorides are
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positive. This can be explained in terms of the internal structures of
the solvents.: Water exhibits é large amount of hydrogen bonding, which
causes a high degree of order in the pure state. Pnre PC shows a low
degree of order, it is considered to be an ideal orderless solvent
However, we are dealing here with AlCl3 solutlon 1n PC as the solvent
and this reference state exhibits a high degree of order.because of the.
orientatiqn of the PC molecules around the Al3 ilons | AlCl3 dissociates
in PC solution according to

AlCl, » 1/4 Al(PC_)63+ +.3/4 AlCl, (5-26) .

3 4

| The addition of alkali metal chloride MCl to thisgsolution reduces the
amount of solvated Al(PC)63+'species and converts.them lnto AlClA_ ions,
- which are poorly solvated. Consequently, the addition of MCl reduces the
initial order in.AlClB—PC solntion and increases the entropy. On the.
other hand, the introduction of alkali metal ions-oanses'reorientation

of the solvent molecules around the ions, caus1ng an entropy decrease.

In the case of lithium, sodium and potassium, the order gained by the

_ introduction of these ions, due to strong reorientation of the PC
molecules around them, is larger than the disorder gained by the con-
version ot Al(PC)63+ ions to AlCla_. ln the case of Rb and Cs, these
large cations are poorly solvated, and the reorlentation due to their

presence is smaller than the loss of order due to the disappearance of

+
Al(PC)63 species.
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VI. ELECTRODE KINETICS AND MEDIUM EFFECTS

6.1. Introduction

The fact that the exchange current densities of the alkali metal
amalgams in.PC are several orders of magnitude lower than those in water
raises the very fundamental question: What isbthé'inflﬁeﬁce of the
solvent on‘the rate of an electrochemical reactioﬁ?i:The data obtained
for_the electrode kinetics of the alkali metal amélgams in PC enables
us to try to answer this question by comparing the true constants for
the electroéhemical reaction in water and PC, ahd,#b correlate it with
medium effects or the energetics of transfer between.the two solvents.

Very little attention tias been given to eleétrode kinetics in
nonaquéous solvents, and to the influence of the‘éolvent on the exchange
current density. Early attention was given to fhe'hydrogen evolution

187-192 Bockris and Parsons found that

reaction in alcoholic solution.
the exchange current density decreases as the molelfraction of methanol
increases ;n methanol-water mixture, but the exchange current density
starts tobincrease at a high percent of methanol,A_The exchange current
density of hydrogen in pure methanol is higher tﬁan-in water. Salomon193
discussed the medium effects on the rate of hydrogeﬁ evolution. Using

a simple electrostatic model for the activated complex, and using
estimated values of free energy of transfer of hydrogen ion from water

to water-methanolvmixtures, Salbmon was able to predict the ratio of the
exchange current densities in water to that in water-methanol mixtures.

The kinetics of alkali metal amalgams in nonaqueous solvents is

almost an untouched field. The kinetics of discharge of alkali metals

on their amalgams in aqueous solutions were studied by faradaic impedance
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by Randies and Somertoﬁ.;94 They caiculated the:approximate apparent

sténdard'fate constents ﬂ%o = 0.4,‘0.1 and 0.2 cm sec—l for Na, K and

Cs, respectiﬁely) in aqueous solutions of 1 M tetramethylammonium

'hydroxide. Imai and Delahaylgs used the faradaic‘rec;ification'method

to determine exchange current densifiee io; aﬁd transfer coefficients

of various alkali metal amalgam electrodes M(Hé5/0;498ﬁ MC1 +v0.002M:MOH;

The values measured for the alkali metals Li, Na,,K,:Rb and Cs were .

&= 0.35 to 0.43 for the transfer coeffici’e_nts,:and 1° = 72 to 219 ma/en’

for the exchange cufrent densities. The standard rate cdnstants;‘corrected

for double iayer effects using Gouy—Chapman theory, from Li to Cslare:-~

6.02, 0.04, 0,0l_(0.02) cm sec_l, end the transfef coefficients: 0.35,

0.39, 0.41;'0.42’ 0.43. The results for cesium are doubtful because -

of the evidence of epecific adsorption of Cs at mercufy—water interface.
Recenfvinterest in high energy batteries haswéiven a considerable

incentive for research on the depesition and diseolction of those acti&e

metels‘having low equivalent weights which can be used as anodes in high

‘energy bectefies.zg The kinetics of solid lithium‘in Pvaas‘treated by

46,41 The kinetics of solid

Burrows and Jasinski,33;Scarr48 and Meibuhr.
. . . . 60 Looq 49 . '
sodium was investigated by Meibuhr. Butler, et al. discussed the
dependence of the apparent :exchange current of solid lithium in PC on
the ege of the surface, and found that even at very low concentration
of water (below 0.001 m) the exchange current dropsﬂby a factor of 10
during the first hour. The kinetics of lithium emalgam in LiC1-DMSO

. s 3 : 50,109
solutions was 1nve§t1gated by Cogley and Butler. _ The apparent

exchange current densities were in the range of 0.08-0.16 mA/cmz. The

Tafel equation with cathodic transfer coefficient‘@ = 0.75%0.02 was

.
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obeyed over the current density range of 10_2 to 3 mA/cmZ. The standard

rate constanf, corrected for double layer effects, is (2.9%0.2) lO—5 cm sec .

Parker141 gives a very interesting review of the solvent effects on
the rates of bimolecular organic reactions. For anién nucleophilic sub-
stitution reaction, the rates in dipolar aprotic édlvents are approximately
| 106 timés faster than they are in water. Parker‘expiains this observation
by the pqSitivevvalues of free energy of transfer for anions.  This means
that anions are poorly solvated by dipolar aprotic'éolﬁents and therefore
are looser in these solvents compared to water aﬁd{ofher protic solvents.
Solvent activity coefficients of anions and cations in several aprotic
solvents are presented; in general, the_activitfjéoéfficients are negative
for most cations, which indicates negative free eﬁergies of transfer from
water tovaﬁfétic solvents. The activity coeffiéients are positive for
- small ahions, which indicates weaker solvation qompared to aqueous solution.

Cogley, Butler and Grunwald14p measured the eduilibrium constants for
association of water with individual ions in PC. &he molal association
constants are 6.5, 1.4, 0.4 and 6.2 for Li+, Na+,:K+ and Cl™, respectively.
The affinity of water at low concentrations in PC>for alkali metal cations
correlates Qell with the free‘energies of transfer of these ions from PC
to bulk water. The fact that 1) the anionic substitution reactions are
106 tiﬁes faster in aprotic solvents than in water,:2) equilibrium constants
for association of water with individual ions in aprotic solvents correlate
weli with the free energies of transfer, and 3) thé exchange currents for
alkali metal deposition at their amalgams are much lower (10“3 times lower
for Li(Hg) invDMSO compared to water), all suggest:that the rate of

electrochemical or ionic reaction depends strongly on the free energies
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_df solvatipn.ofbindiViduél ions in different solvents.

’Invthé'néxt sections the relation between eléétfdde kinetics and
medium effects (ffce enefgy of transfer) is preéénféd. The‘wide reactivity

| S .

of ions in different sqlvents is explained by thé;}élative energetic
states of single ions in these solvents. The»rétiéibetwéeq)the»rate
constants is expressed in terms of the free enérg§ o£ transfgr from the
reference solvent tovthé solvent under study. Tﬁe’pfoposed theory is -
then discuésed ih light of the rate constants and.éﬁé free energieé'of
- transfer obtained in tﬁe present work for thevalkali-metals in the

AlCls—PC'system;

6.2. Kinetics of Simple Electrode,f?ocess
Qurjdiscussion will be restricted to simple électrode processes in
which the rate-determining step’is the éver-all chafge transfer reaction
in the absence 6f coupled chemiéal reaction and sp§Qific adsorption. ~I£

is well accepted that charge transfer represents the slow step in the
o | | 195

discharge of an alkali metal ion ét a mercury eléctrode. Coﬂsidering
the general electrode reaction:
+ -
M (solvated + e =M - M(Hg) . (6-1)

in which M# is the activated complex and M(Hg) is the metal in the amalgam
state. This electrode reaction can be described;by-the_Volmer'é current-

overpotential relation
i =_ia° exp (-onFN/RT) - exp((l- o)nFn/RT) , (6-2)
in which iao is the apparent exchange current density which depends on L

the concentrations of the solution and the amalgam, and on the potential

of the outer Helmholtz double layer ¢2.164 a is the transfer coefficient,
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i is the current density and n is the charge transfer overpotential. The
true exchange current density is defined as the value corrected for double

layer effect:
' o o

it = ia egp(l ; u)nF¢é/RT“ : » (6-3)

Exchange currents in the literature are almost never corrected for the
double layer effect.
The true exchange current density 1s given according to the transition

state theory164

it0 = nF %1—‘ exp [(‘—A—Gf#o - aF¢M§)-(?I]aM+ (6-4)
= nF %—T— exp [(—A§#° + (1 - §)§j¢Me)/RT]aM (6-5)

where AG#O is the difference in the chemical standard free energy of the

transition state and the solvated ion, and AG#O is the difference between
the transition state and the metal or the amalgam state. ¢Me is the
equilibrium potential and can be expressed by the‘Nérnst equation

e _ o + o .
¢M = ¢M + RT/nF ln(aM /aM) | 4 (6f6)

where ¢M° is the standard potential of the reaction. Equation (6-5) now

becomes
, 0 _ o ,l-0_ a _
i = ant aM+ e ‘ _ (6-7)

- where the true standard rate constant kto is

k% = exp (-48,° - anF¢,®)/RT (6-8)
_ kT < 0 o .
= =, exp (—AG# + (1-a)nF¢M ) /RT (6-9)

An apparent standard rate constant can be defined as the rate constant

uncorrected for double layer effect
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. o i J:j o o o
ka = kt exp[ (o - 1)F¢2/RT]- ; - (6-10)
In order ‘to summarize this br1ef review on the concept of exchange
current for 51mple charge transfer: electrode reactlon, let us approach
it from two directions: exper1menta1 and energetic
|
a) Experimental treatment of‘the apparent exchange current.

The apparent exchange current can be obtalned from micropolarlzatlon

in the linear zone, when |n| << nF/RT, or |n| << RT/(l - a)nF where

i = iao nFn/RT, or from the Allen-Hickling equatlon.175 ;164,165

i
1 - exp (nFn/RT)

In =i’ - nFn/RT o (6-11)

The slope.of the plot of Eq (6-11) y1e1ds a, and the intercept yields
iao. The apparent exchange current can be converted into the true
standard rate constant by correcting for double 1ayer effect and by
correcting to unit activities both for the solutlon and the amalgam
side. ‘Correetion is not needed for metallic eleetrode for which the
activiry>is'Unity. The true Standardfretehconstant is given by

. O
1

"O A ' 1 1-0 1\ & c 6-12)
= 2 -(1- I, L) -1

k. F ©XP [ a a)n?@z/RT] <3M#>v'i<aM) , o ( |
The transfer coefficient o can be calculated from;the dependence of the

' ' e . + . . .
‘apparent exchange current on the activities of either M in the solution

or M in the amalgam.

0 1n i ‘ »
=1 - S -
9 1n a_+ _ a:__ (6-13)
M .
M
9 In i ° .
= : : ' o (6-14)
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It is important to note that in order to correct for double layer effect
we have to know ¢2, the potential of the outer Helmhéltz double layer
relative to the bulk solution. ¢2 can be estimaféd from integration qf
the differenfial capacitance-potential curves, which yields the charge

density q

E A :
q = f C dE o : (6-15)
zZ

where Ez.is the potential of the point of zero chafge, and q is related
to the potential of the outer Helmholtz layer ¢2 through the Gouy-Chapman
theory
RT ] 1/z
q=+* [2—‘ 3 c.® exp(-z,F¢_/RT - 1)] 1/2 (6-16)
i i°%2 g
'which can be simplified for the case of symmetrical electrolyte to
' 1/2 (qub' ) '
_ kT ¢ 2.
1= 2( a ) sinh \ =7 (6-17)

In many cases, because of lack of data, the exchange currents or the

standard rate constants are given in their apparent forms.
b) Energetic form of the exchange current.
o .
The true standard rate constant kt can be evaluated theoretically

from free energy and potential data.

KT o '
k= exp[(—AE#° - onF¢,°) /RT] (6-18)

To evaluate kto we have to know the change in the chemical free energy
. e _ # e s 4
between the transition state'M and the ionic state M', and the standard
. X o e
potential of the overall reaction. ¢M presents great difficulty when

we have to compare the rate constants or the exchange currents in different
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solvents,isince'thefe is no general scale for standard potentials in
different solvents. AG#O also presents difficulty, since very little is

known about the energetic level of the transition state.

6.3. Exchange Currents in Différéﬁt;S§lvents

A compériéon between the raté éonstants in Qiffgrentfsolvents.is
‘Avery desifable sincé it mighf enable us to predi§tiﬁhe exchaﬁge currgnts‘
“in différent;solvents from their thermodynamic ﬁfoﬁertiesvwith respect.
. to a;feferehce state (usually‘wate;) in which réiiable data is readily
'available.v This will help us aléo in selecting éiépeéific solvent for 'a
desired electrochemical reaction, on the basis of“physical and thermé—‘
-dyﬁamié‘brdéérties.' o .

Let_uszfestrict ourselves again to the simpié?elecfrode process:

+ - #

Moy te =M >M (6-19)

‘for which kinetic and thermodynamic data are aVéilable. The relative true
rate constant is defined as the ratio between the true rate constants in

solyent (s) and water

[o}

) A
o _ t’s _ o, .+ o, o O\q
k=~ o= e = exp[AG_t W) AGt ) + F(OLW¢W ocscbs )1/RT
£ )w o (6-20)
o, + _ o, i ' S _ . ;
where AGt (M ) and AGt (M") are the standard chemical free energies of
transfer of ion M+ and the activated complex M#,from water to solvent (s),.
' respectivelyu, O and o are the,corresponding transfer coefficients in
‘the two solvents.

In the same way the relative standard exchange currents can be defined
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1,9, -~ =22 T a-a) @y, = -0 ), (6-21)

Converting the standard values into appareﬁt exchapge curreﬁts_involves
the concentrations of the solutions and the amalgéﬁg,

It can be seen from Eqs. (6-20) and (6-21)”§h;;ithe ﬁain factors
influencing the change in the rate constant areiﬁﬁéifreé gnergies éf .
transfer of the solvated ion and the aétivéted.ésﬁsiex, the difference
between the_Standard potentials in the two solvéﬁEg,iand the difference
getween the outer-Helmholtz layer potentials iﬁ ;he two solvents; The
difference between the ;ransfer coefficients iﬁ.bﬁﬁh solvents is probably
minor, and.it is expected that se;ting o, = 0 fs;é good approximation..

6.4. Rate Constants of the Alkali Metal Amalgéms in Al_Cl3 (l'm)—PC

The apéarent exchange currents iao obtainedﬁfér the alkali me;al
amalgams in AlC1, (1 m)~PC (see Seqtion 3.8) caﬁ'Be converted into the
apparent.rate constants, kao, which still inpiude:;he influence of the
potential of the double layer. The apparent raté:cohstanf, defiped on.a'
molarity basis, is given by
where CM+ and CM(Hg) are the concentrations in _mol/cm3 of the.alklai
‘metal ion in solution and the alkali metal in the amalgam, respécti?ely,
and o is the cathodic transfer coefficient. The amalgam's mole fractions
were converted into molar‘cdncentrations usingvthe density of pure mercury,
since the amalgams used were very dilute. The.molaritieé of the alkali.

metal ions in AlCl3 (1 m)-PC solutions were obtained from the molal

concentrations, using the density measurements in Section 3-5. The
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transfer coeff1c1ents were calculated in Sectlon 3 8. Table 6— l summarlzes

.the calculated apparent standard rate constants, on a molar ba81s. These

results were calculated from the apparent exchange currents at (v m) MCl
solution in Alcl (1 m)nPC At this concentration the ratio of Mcl ‘to

‘A1C13 is l l, and the solute ‘can be con51dered as MAlCl4

o Table 64l3' Apparent standard rate constants of the alka11 N
;;] . metal amalgams in AlCl (1 m)—PC solutlons.

' ;v::; - l02X o li'o,'mA]cmzi 'lOS k 0; Cm/sec
_ : c - Ta T a
Li(Hg) 9;194 077 0.420 1.97
‘Na(dg)  1.7710 0.61  0.058 . . 0.0492
K(g) - 1.1266  0.61 0.025 ° °  0.0277
Rb(Hg)  0.5395 0.61 0.013-  0.0224
Cs(Hg) = 0.4672  0.65 0.070 0.136

‘X is the mole fractlon in the amalgam and :L.0 ls‘the apnarentexchange~
’fcurrent for un1t molallty of the alkall metal chlorlde in AlCl (l m) -PC _
'i'solutlon. o '

In order.to compare the true rate constants in AlCl (1 m)-PC to
the data of . Ima1 and Dalahay195 on the klnet1cs of the alkali metal
i .amalgams in aqueous solution, it is_necessary_tovcorrect ka for double

.layer effects' The true rate constant represents the heterogeneous
'”'reactlon, free of the effect of the potent1al of the double layer with

arespect to ‘the solutlon Slnce data for the capacitance Vs, potentlal
”;1“rPU is available:only‘ior sodinm perchlorate,loa the true rate conutant N
Wasmestimated:onlyﬂfordsodinm,vassuming that the naturelofvthe_anions

_ does not influence the double layer capacitance because of strong

|
i
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.repulsion'at the farﬂcathodiclpotentials. For the rest of the alkall'
mctals, the rate.constants were apnrox1mated, u51ng the’ capac1tance—
potcntial curve ot sodium (i e. assumlng that their behav1or is simllar
‘to that of sodiun) These estimations are quite crude, espec1ally in
's.the case of cesium which is believed to be specifically adsorbed in
aoueous as. well as in nonaqueous solutlons | The estimated true standard
_ rate constant of sodium in AlCl (l m)-PC, along w1th the approx1mated '
values for - the rest of the alkali metals, are presented in Table 6-2.
‘The true standard rate constants in aqueous solution as neasured by
-Ima1 and Delahay,%gs are presented as well for comparison.- The detalls
‘of the correctlon for the potentialvof the double layer, 1nclud1ng the.
1ntegrationvof the}capacitancespotentlal curve, are_presented in the next_

section.

Table 6 -2, True standard rate constants for the alkall
metal amalgams in A1Cl @ m) -PC solution '

and in aqueous solution. o

- alc1, (1 m)-PC -fazo
. ' 105 th, cm/sec kt9,‘cm/sec
 Li(Hg) | 0.95% o 0.022
 Na(Hg) . 0.0139 ~0.040
© K(Hg) S 0.00793%  0.011
‘Rb(Hg) 0.0064*% - 0.011
Cs(Hg) . - 0.042%+ 0.016t

. — , : _ : —
Approximation, because the double layer correction was -
based on the integration of the capacitance—potentlal
plot of sodium perchlorate in PC.

+
TApprox1mat10n because specific adsorptlon of Cs  was
. .not considered :
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t6;5,; Double Layer Correction of the Rate Constant -d
';v The potential of the- outer Helmholtz layer ¢2 was. calculated in
- Eq (6 16) or (6 17) from the Gouy—Chapman theory, according to the

.s1mp11fied equation for symmetrical electrolyte'

é'sfz(RJ‘QE”C/Zﬂ)~/ sinh(zF¢./RT)‘ ' ' 'h T (6;23)':

'l‘The excess charge q at’ the amalgam solution 1nterface was obtalned by
’:igraphical 1ntegration of the double 1ayer capacltance vs. potential curve
(Fig 6— l) for 1 M. Na0104.solution in PC vafter Biegler and Parsons. 104

'The potential of zero. charge vs. normal calomel electrode in PC was

‘143, 144

' obtained from the work of Payn —E (PC) 0.33 volts. On the

' negative 31de of the point of zero charge the capacity becomes almost

”ldlndependent of concentration and at highly negative potentials the capacity '

,k‘v. : .
'-vfls almost 1ndependent of the species present The 1ntegration was performed

1vaccord1ng to Eq (6 15), from the potentlal of zero charge to the potentials

: corresponding to the concentrations of the amalgams used in the polarization

vexperiments Table 6 3 gives the calculated charge density values and the

' resulting potentials of the outer Helmholtz plane for the alkali metals in

AlLl (l m) PC
6 6 ' Individual Ion‘Solvation and Its Effect on
Electrode_Kinetics in AlCl3 (1 m)-PC Solution .

-The relative true rate constant of a 51mple electrode reaction in;v,
vg_nonaqueous solvent compared to water is given by Eq (6—20).' The true

frate constantsrof'the alkali»metals were estimated in Table-6—2 'However

only ‘the data for sodium amalgam is reliable sinice double layer correction .

in PC is available only for the sodium system. The relative true rate

constant of sodium 1n NaCl solution in AlCl 1 m)—PC is then given by’
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—-0s5 -0 -5 =20
- E (ws. Ag/AgY) [volts] ‘ ‘ h

XBL 727-6629

6-1. -‘Cap"a;é.ii::y‘—‘potenftiﬁl curves for m’er_éurjr electrode in,NaCth(I}I)

" in PC at 25°¢.10
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. hj:Table'Gbﬁ' The evaluation of the potentials of the outer
. Helmholtz plane in AlCl (1 m)-PC solutlon

'Zwtfﬂ ) EM(Hg) vVs. aq SCE*# ' q‘,,’uC'/cm2 ¢2,’volts
Li(Hg) = 0.0672 2.2823 36.83 ~0.081%
Na(Hg) .  0.2062 . 2.4201 - 38.76 -0.083 .
 K(Eg)  0.2216 - 2.3739 - 38.05 = -0.082%
Rb(Hg) 0.2311 . 2.3984 38.05 ~0.082%
.Cs(Hg) 0.302 .. 2.0716 = - ' 34.00 -0.079%

‘TApprox1mat10n——Usin5 the capacity-potential plot of
_NaClO4 (1 M) in PC. :

R o : _
,vv*.Based_onfgngl 0.2676 volts.
(k ) ;
, t 7Alc1,-PC -5 ,
oy 377 _0.0139 10 ° _ . . -5
(e, gy = - o T a0 T 037 107 (62)
e e a0 _ .

o
!

: -.”'The rate of the reaction Na+ + e > Na(Hg) is f1ve orders of magnltude

) slower in AlClB—PC solutlon than in water. As has been mentioned before,
1Vthe sharp changes 1n the reactiv1ty are due prlmarlly to the large
'~negative free energy of transfer of the alkali metal cations from water

‘to aprotic solvents The free energy of transfer of Na from water to

AlCl (1 m)-PC solutlon was estimated (Table 5-3) as AG (Na )AlCl3 pc =

:* 4.2vkcal/mol.b In order to predict the relat1ve true rate constant
(see Eq. (6#20)) we’have to know,the free energy of transfer of the
:aetivated complex.  The structure and the degree‘of solvation of the
activateo:complex are not known.evWe‘assume.here that thejfreefenergy
-of transfer_of,the.activated eomplek iS‘negligible-oompareo.to that of
"the‘fully solratedfoationr The rationale behind this assumption is that

the actlvated complex 1s either not fully solvated and therefore its
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energetic state is not influenced by the soiﬁent; orvthevaetivated -
,complex M# is not charged and is weakly solvated by the solvent.. in

' addition,vthetdifferenee-in;the'absolute;eleetrode_potentials in the
'tWo7solventsris‘nqt knenn (see Eq. (6-20)) and therefore it was' chosen
ves_a ftee paraneteté.nhieh,might inc}ude.possibie.inaccuracy in the
assumption ‘that AG Q(M#) Nlon,vThis:essumptidn nasnfound reésonabie for

141
bimolecular anionic substitutlon in aprotlc solvents ,

Substituting AG (Na ) = =4, 2 kcal/mol k (Na ) = 0 347 10 - 5

.
(N h - 0 and 0‘A1c13 -pC

coefficients in the two solvents happen to be exactly equal), the dif—

aH 0= 0.61 (the values of the transfer

ference.in the'absolute potential is

S I L
C 9 aicr-pc ~ ¢y o = +0-228 volts

- T3 P
ThistdiffefénCé’?6ffeép0nds to the real free energy'of transferb:t

T P 0 o -
. The real free energy pf‘ttenSfer Aqto,‘isvthefsumﬂof:the;chemical free .
energy of transfef AGtO(Na+) and the difference in the surface potential
-of the two solvents,n.

Aa (Na ) AG (Na ) + F(xAlC13 -pC 'XH20)~ ' v (6s26)
For neutral molecules, the real and the chemical free energies of transfer -
are the same. The surféce potential difference can be'calculated from
Eq. (6-26):

~4200_4.184

96500 | (XA1013*PC - Xuzo)'

+0,228 =

-XA1013,pC - XH20,= +0.410 volts ,
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lhe surface poteutlal of AlCl (1 m)—PC solutiou 1is +0.410 volts morc L
-,positive than water.‘ The surface potential of water is about +0 1 volt 196

therefore, the surface potential of AlCl3

This is in qualltative agreement with the capac1tance measurements of

-PC is’ XA1C13 _pg = +0.510 V.

vPaynel43 in PC, who concluded that the PC dipoles are preferentially

: oriented with the positive end toward the mercury 1nterface._

e Similar calculations can he made for the kinetics of lithium amalgam
k 5in LiCl solution 1n DMSO . Cogley and_ButlerS0 measured the exchange

.lCurrents.and.the'tranSfer coefficient'for lithium in DMSO. The standard
Areal Jate constant after double layer correction, is k (Li+) = o
:2 9 10 5 cm/sec,.and the cathodlc transfer coeff1c1ent ac % 0.7b.; Com-
.fpariné these;values to the data of Imai'and Delahay195 for Li+ in aqueous

. solution k (Ll ) f— 0.02 cm/sec, the relatlve true rate constant is -

2
3 The chemical free energy of transfer of L1 from

_-water to DMSO can be estimated in the follow1ng way The chemical free; _
’ 192,93, 94

'energy of transfer of LlCl LiBr ‘and Lil were measured by emf method:

'+4,86S, 2.515 —O 625 kcal/mole, respectlvely. »The chemical free energyh

of transfer of the anions Cl’ Br and I are reported by Parker'141

_'+12 1, +8 6, +4 2 kcal/mole, respectively. (Parker S'data is given'in
'5terms of solvent activity coefficients of an1ons, rather than free energles
of transfer; However, the free energles of transfer ‘were calculated

o

‘accordlng to Eq. (5 6) ) Assuming AGt (LiX) =-AGt (Li ) + AGt &), three

. values werevobtained for AG#O(Li+): -=7.2, -6.1 and -4.85 kcal/mole The

S o ' e 0, .
-average was»taken.asﬁthe estimated.value, AGt (Li )DMSO

-6.1 kcal/mole
~The average'cathodic transfer coefficient is o, = (0.70 + 0.65)/2 = 0.675.

rSubStitutingitheSe“valuesbin'Eq; (6-20) results in the ahsolute potential
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B

difference for Li in. the twofsdlvents:,

'.¢DMso- H20

o ’ ¢ - 0. 144 volts'..
The surface potential difference between DMSO and water can be estimated
"from Eq. (6 26)

+0.1205 volt .
,0 7 e VRt

'f ;XDMSO " Xg o T
~ The surface potential of water 1s about +0. 1 volt;'therefore the surfééé'
': potential of DMSO 1s XDMSO +0 22 volt Again the pos1t1ve value o
indicates that the positive parts of the DMSO dipoles are oriented toward
‘the metallic interface.j | | o |
o f6,7.‘:Conclusions
The true rate constant for the dep031tion of Na at‘the Na(Hg) electrode

in AlCl (l m)—PC solution was calculated from the micropolarization
results, after being oorrected for double layer effect The_true rate'f
‘constant was then compared to the rate constant in aqueous solution. _The

| difference in the absolute potential between AlCl3 (1 m)—PC solution and
water: was estimated as +0 228 volts, and the difference in the surface
_’potential as +0 410 volts, indicating that the positive part of the PC
'dipole is oriented toward the interface. These>results can be used to
fpredict the relatiwe rate constants, and hence the exchange currents,

in AlClB—PC solution Further kinetic measurements with different metals

: d-should be undertaken to verify these results..
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‘V ELECTROREFINING AND SEPARATION OF THE.ALKALI
o METALS AT AMBIENT TEMPERATURE '

.h}7él. Conclusions of the Present Work
The results of the present work establ1shed the feas1b111ty of the .
‘electrodepos1t10n of the alka11 metals from thelr solutions in propylenev
'_carbonate at amblent temperature. The follow1ng concluslons were obtained:
'5al: li Nn, K Rb and Cs ‘can be reduced from various salt solutions in
"f?Pc; with high ciliciency. Among the salts'employed, best resUlts Wercc
4 PFg s BE,-
v‘1nvolving the chlorlde of the metal and AlCl3 in PC From the latter,'
: a typical compositlon of the electrolyte would 1nvolve 1 molal alkali

: obtained from ClO and particularly from double salts

v'metal chlorlde in 1 molal A1C13-PC solution.'

.b) The alkali metals behave chemically reversibly in PC and demonstrate
moderately high .exchange currents which 1nsure low charge transfer

7hﬁoverpotentials'durin the depOSition process. :

Hsjc) A scale of the standard potentials of the alkali metals in AlCl3

”lf(l m)—PC qnlu(ion WHH nstablished, revcnling a diffcrent order than 1n

]water. The order of 1ncreasing standard potential 1n AlCl (l m)-PC is:

."Cs>>Rh>'K>>Li>'Na

ed) Dllute amalgams of ‘the alka11 metals behave also rever31bly in
alkali metal chlorlde solutions in AlCl3 (1 m)—PC and the alkali. metal can

be anodically dlssolved from, and cathodlcally dep031ted in, the amalgam

sé)' The Spec1f1c conductance of the alka11 metal chlorldes 1n AlCl3
(l m)-PC solutlon at 25 C is in the order of 10 -2 ohm lcm 1; This
relatively high conductance insures that the ohm1c drop across a cell

»of 0 5 cm gap, operating nt 50 mA/cm , will not excced 2.5 volts. Further-

: more,'raising ‘the temperature'to_60 C can reduce the,ohmic drop by-SOZ.
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' These‘favorable”results led us tO-propose a new process for the
electrorefining<and separation of the alkali metals at ambient temperature,
- using PC as the medium for the electrochemical process. The process is

- described schematically'in the next section.;

: ]:732. Electrorefining and Separation of the Alkali
R Metals at Ambient Temperature:

The feasibllity of the reversible deposition—dissolution of all the
ulkuli mLLdlb und Lhcir amalgams in PC 1s suggcstcd as new elcctrorcfininb
and separatlon processes at ambient temperature.ng The proposed process |
‘complements the commercial mercury—chlorine cell in wh1ch amalgam is =
.produced by aqueous electrolySis. It is proposed that the amalgam which
is produced by aqueous electroly31s, be transferred into a. nonaqueous
cell containlng a solution of the alkali metal chloride in A1C13-PC L
the alkali metal would then be transferred from its solutlon in Hg to .
‘the pure metallic.state, by a.process akin‘to electrorefining ‘anodic
dissolution of the metal from its amalgam, ‘and cathodic deposition in
.the pure form The 1ean amalgam would then be. recycled to the aqueous
cell where it would pick.up, by cathodic deposition the alkali metal
The new process could be applied to any of the alka11 metals, electrolysis .
of their aqueous chlorlde solutlons would be the first stage followedv .

by the PC electrorefining cell |
B A schematic dlagram of the proposed.process 1s.shownl1n Fig. 7,1.
Figure A 1s a SChemat1L representation of the mercury—chlorine cell,
. where chlorine and sodium hydroxide are the two main- products.- Figure:B_
representsvthe modified process: the first stage is identical to.the
'uno in Fig.'A; however, the secnnd stage 18 a nonaquebus,PC cell which

e

substitutes the decomposition stage. The main products of the modified
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_ process are therefore: 'chlorine (as betore) and metallic sodium (1nsteadh
of NaOH solution) lhe new process 1is particular]y promising for the
production of lithium, potassium and cesium It is quite possible that
the‘use of the effluent amalgam from the present sodium amalgam—chlorine
cell, for the recovery of sodlum metal rather than NaOH, may also offer'
economic advantages | |

» 7;3.' Notes on the: Preliminary Design of a PC Electrorefining Cell

Consider an electroreflnlng cell in which the alkall metal is
dissolved anodically from a.dilute amalgam, and electrodepos1ted cathodl—'
cally in a pure form . The electrolyte is an alkall metal chloride (1 m)
in AlCl (] m) - solution in PC. The gap between the amalgam and the
cathode is approximately 1 cm, and the temperature of operation is 60 C.
The elevated temperature was selected to decrease the ohmic drop and the
chargeﬂtransfer overpotential. Assuming‘the cell is_operating»at current
density of_approximately_so mA/cmZ, the.total'applied potential is given-,
+ (VR)Hg + (V) t Veg * ¥

Veotal = Vommic M.T.

.where,V hmic'ié the ohmic drop potential, (V )' and (V )’ is the charge
transfer reaction overpotentials of the amalgam anode and the metal
cathode, respectivoly, Veq is the ‘open circuit equilibrium potential
and V M.T. lu (ht‘muua ltuneiel overpotcntiui. Ihv Laut turm wlll [$Y0
neglected, assuming that we are operating at one forth of the llmiting
current. The necessary mass transfer boundary layer thlckness, 8, based

on a limiting current of 160 mA/cm is given by

Fpc, .5 -3
b _ 107Xx4x10 ~ _ 0,2x10_2 m

.6= ‘
i, 7 0.2
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VI'>v".l .. . : . - , V
"This boundary layer thickness can be achieved by moderate stirring or-
5flow.

The ohmic drop can be estimated from the specific conductance of

.'sl molal solutlon 1n PC at 60°C _approx1mately 2 10 ohm cm lt

2

Vohmlc'j_(o 04 A/cm )x(o 5x10 ohm cm)x(l o cm) = 2.0 volts |

‘The charge transfer overpotential for the amalgam and the metalllc cathode
¢ an be estimated from the Tafel equation using the exchange current

~densitica measurcd ln Lhc present work Bciug pesimisti , &ud assuming

5exchange current densities in the order 0.1 mA/cmz; the total charge

-transfer overpotential is.”

2x2x333x4 184 ln 50
5 0.1

+ (V ) 2-—— lnl;—-—

F 0.35 volts
: .1 10 :

B d(VR)Hg
The open circuit equilibrium potential between the alkali metal and its -
7dilute amalgam is in the order of 1 volt (see Tables 3—9 to 3—13)

i The total applied potent1al is therefore. ,vf

V 2 0 + 0. 35 + l 0 = 3 35 volt

total

fzfAssuming ohm eses in. the electrical contacts in the order of

-ftO 5 volt, Lhe tota] applied potential is in the order of 4 volts., The
electric energy needed for the deposition of l g mole of pure alkali
“Hmetal_is :_ | | '
"pEnefgy[s‘p'f‘V' ';i'; 1X 26;8 AH X 4.0 v'= 6;107 KWH/g mole .
mfAssuming avrate of 1¢/KWH vthe total cost of electrlcity is 0110 c/g
jmole._ This corresponds to the following power costs per pound of metal‘
L 1—6 52 ¢/1b Na~ 1. 97 ¢/]n, K-1. 15 ¢/lb , Rh—().53' c/]_.b., Cs=0.34 ¢/1b. |
'With the exception-ofvsodium these energy costs, relative to differences

dbetween current raw material and sales prices, are negllgibly small. The
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' methods may even be gco‘n:omically.attfact.ive for sodium: value of _éodium
p_ér "pound_vi‘n efflueﬁt gmglgam j._s quité low, "'6.i .(:/lb. Na, ;vhile so.diumv
'm'etél, in the form‘ of .fegular fused materi_al in 'dr-ﬁms, is currently :
.qix_oted at $( );2_75va1’ popnd.210 |
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"";Appﬁﬁﬁrx»i PROPERTIES OF PROPYLENE LARBONATE

ePropylene carbonate is a member of a family of cyclic esters. It
:.is a clearn colorless 11quid capable of dissolv1ng and 1on1z1ng abvarlety

of organic and‘1norgan1c salts. It has a wide liquid range (m p. —49 C,
‘ib pP. 241 C), At is colorless, odorless nontoxic and a very convenient
‘i solvent to work with The high dielectric constant, the ability to
dissolve many salts, and the high stabillty toward oxidation and reduction
nahe'it a very.prom1s1ng solvent for electrochemlcal purposes. v:

I l Prcparation of Pc

_PC is manufactured in ‘the U. S by Jefferson Chemical Company by a

86"9§_at 100 .270° C and 50-150 atm

:ipropriatory reaction of CO2 and propylene
'over a catalyst of ‘an alkali or tetraalkylammonium ha11de, plus an oxide
or: carbonate of a Group II or Group III metal | |

The main application of PC is as a solvent for nylon and
'prolyacrylonitrile and as a plasticizer.i The favorable properties of
t;PC as’ a solvent for 1onic solids have led to numerous developmental

'efforts 1n the high energy density battery area. S

?_-1;2,1 Purification of PC

Propylene (arhonatev as received, contains the. following impuritieS'.
water, propylene oxide, propylene glycol propionaldehyde and others.7
dThe solvent is yellow and purlfication is necessary for practically all
5u:;1ectr0chem1cal purposes | The most‘common procedure 1s‘dlst111ation at

hlow pressure - Detalls of the distillatlon procedure are g1ven byvseveral

‘ 7,197,8
workers

The distillation is conducted under argon atmosphere-'
- at hlgh reflux ratio and at 1ow temperatures, since Pc shows signs o[

thermal decompos1tion above 150° C. The{distilled PC_is colorless and
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contains‘about 20 ppm water;'which.can further be removed‘withlmolecular
sleves. In.addition;‘several'dessicants were found:toibe effective in
. removing water from PC. _CaO-MgO,'molecular sieves;:LiCl.and Li powder
can'reduce'the'water content of "as received" kCisignificantly Analysis‘
of PC for. 1mpur1t1es usually involves cla851cal methods,vsuch as,vKarl- '
'Fischervtltration and colorimetrlc measurementslsdvHowever,_the most |
fversatile tcchnjquc for this purpose is gas chromatography 145 Conductance"
measnrements can also giVe information about the degree of purity of the o
solvent The conductance of pure.PC is approx1mately 2 10 -8 ohm lcm—l,
‘when the water content-is. less than lO ppm. 72 Voltammetric measurements,
in which the background current results entirely from the decomp031t10n

of the solvent,greveal important information about the purity of the =
"solvent, and the range of potential for which the solvent is stable.' The:l'
potential range 1n which negligible background current is observed ranges :,
»from -2.5 to +0. 4 VOlts vs. SCE at a mercury electrode and from f2.0

to +l 7 volts vs-. SCE at platinum electrode u31ng EtANCIO4 supporting
electrolyte 198- As can be expected the presence of water reduces the
decomposition potential.of PC. On a platinum cathode large current was
observed in_LiCl_(l4 solutlon 15' 'as received" PC contalning.water at =~

+2.0 \ vs. Li/Li ‘reference electrode, but when carefully dr1ed the
“current peak disappeared l99"The presence of propylene oxide also reduces
. the cathodic decomposition potential to about —2 0 V vs. Ag/AgCl reference
electrode.200 Thefcathodic decomposition potential limit of PC is.close
to the.deposition potential.of lithium; therefore the stability of

metallic lithium in PC. can be an. 1ndication of the purity of the solvent

: Lithium electrodes began to show gas evolution in wet LiClO4 solution,.
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while remaining stable in’ carefully dry-solution. 201;

I 3. Phyelcal Propertles of Propylene Carbonate :

Summary of the phy81cal properties of PC are tabulated below

v._,Tab;e:Ifl.- Physical_Properties of PC

Reference

. :ﬁplegulafoWEight- .,H.. j'_f 102 S S o . 7

- Melting point . - . -149°c o | 7
‘,Bailipé POiﬁti'flj.j"f-ﬂ_ - 24l§é " o '.J.' . ' 7 -
3lbeconposition‘tenoeretnre= --15066 » v | o 7

rDensity

P gr/ec . 1.198 at 25°c. | 6
(d 1in p/dT) deg lf‘>i_, - 51“10'3 . - 6

220.15<1<293.15 -p=1'541-1”148 T e S - 202

'Viscos1ty : :_'_'Lj;. 2, 53 at 25°C S - 6

TR 15_ 2.43 at 25°C . 81
_"n, cp '_g‘”fgv__-"-;,__, 1.33 at 60°C -~ 81
@ Inn/dT deg™ 0018 - g

65.0.at 25°C . 202,203
64.4 at 25°C o o 6

L @ee/dam) deg™  —0.0037 0 . 204,205

" Refractive Index nD

- 20°C Ch oy 1?4215a SR » 206
Casec . 1.4202 s | ;
;T'30°C gr>_ r SR v ',;f . 1 4185 ;

Case o 1lae

220, 15< T <.293. 15° Ko =L 5314—3.752_10"aTY o 202
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%

Nmr chemical shifts for liquid PC at wvarious temperetures. Ref.,
Temp®K - aH.z 'sz CHz
373 215 191 158
348 . 214 190 - 158
328 - 215 190 158 02
303 214 192 160
v Relative to- the hlghrfield peak of the methyl proton doublet
Static dielectric permittivity E (measured at 10 kHz)
TR . e T°K €
. . o %o -
313.15 - 61.7 - 253.15 . 76.9.
293.15 - 66.1 - - 243.15 80.0
283.15 . 68.4 ©233.15 . 83.0 202
273.15 . 71.0 - 223.15 . 86.1
: 263.15,'_ 73.9 0 21315 89.3
: Decomp051t10n potentials (vs SCE)
Et4NC104 at a’ mercury electrode - =2.5 to 0.4 V
.4NC104 at a platlnum electrode - -2.,0 to +1.7. V 198
Low conductance’velue'of pure PC .
Water content below 10 pPm k= 2.0_10_8 oﬁm—ICm—l.
Wa:erccontent:of 100 ppm ' K =2.5 10—8 'ohm'_l'cm.-l
" The complete liquid—iiquid phase diagram at atmospheric pressure was
measured for PC—HHOI The upper critical solution temperature is* . 208

2
61. l C, at mole fractlon of PC x = 0.575.
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| " APPENDIX TI.. SELECTED PROPERTIES OF THE ALKALT METALS

BT ‘Na K Rb  Cs

'Agémic nqmbéf'-“:fav>3 S 11 _ ‘19.i: '-..37 55

Molecular weight 6.939  22.9898 39.102  85.47 132.905

Melting point ,£1so;s°c 97.81°C 63.2°¢ ©39.48PC _28.395c ,:
”;'Boiliﬁg_poiﬁt?]"fjj' 1342¢c 783°C 759°C "'688°c‘ 671°c
 Density, glec :_‘0.53'° 0.7 0.8 153 18785

- Crystal lattice - Cubic,_l Cubic, . . Cubic, - Cubic, Cubic, -
e T hues b.c. - -b.c.’ b.ie. - b.c.
Standard potential  3.045  2.714  2:925  2.925 ©  2.923

in B0 0 o0 S : : - :

”vaoﬁizatibn Potéﬁﬁial;_eJV;:
Ist 0 75392 5.138  4.31  4.177 3.89

2nd - 75.64 47.29 . 31.625 27.28 25.1




Thallium:

Mercury:k
Lithium:

Sodium:

Potassium: -

Rubidium: -

.Cesiﬁm:
TlCl:
LiCl:

, NaCl:_
KC1:
'RbCl:
CsCl:
.AlC;3:
:LiC104;A
‘LiBr:
-LiPF6:

-LiBF, :
I.iB 4

'NaClOa:
NaPF6:

NaBFA:
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| APPENDIX III. CHEMICALS
The metal in the form of wire was suﬁplled by Unlted Mineral
and Chemical corporation New York and spec1f1ed to be
99.999% pure.

Tripledk&isfifiedvand dried'ih'vacuum. quicksilver,Products

. Inc., San Francisco.

One-eighth'inch diameter wire was supplied by the Lithium_

- Cofporafioﬁ of Ameriea and speeified7t6 be 99.9% pure.
' Baker analyzed reagent.
.Mallinckrodt, stlcks. .

;_Alfa Inorganie. m2N+.

Unlted Mineral & Chemlcal Corporatlon New York 99, 8/ pure.
Fisher Scientific Company, reagent grade..

Mallinckrodt analytlcal reagent.

Malllnckrodt analytlcal reagent.

Ma;linckrodt analytical‘feagent._”

-Alfa Inorganic, analytical‘reagenti 29.4% c1 .

Alfa Inorganic, analytical reageat, 997%.

Bakeftanalyzed reagent. AlC1,-99.2%.

, 3
Alfa Inorganic

"o "
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KC10,: Alfa Inorganic.
 Alfa Inorganic, F~60.8%.
| AlfaIInorganié, 99%.

RbC10 Alfa Inorganic.

4°
4:

"Alféflﬁérgénic.
‘CsPF S Reseéfcﬁ-lndrganic Chemicél, Sun Valléy, Califorﬂié.

'CsC10
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AérENDIx IV. THE DEPOSITION OF MAGNESIUM FROM PC AND RELATED ‘SOLVENTS-’-

Magnesium has not been deposited in a satisfactory condition from
v'organic7solvents,S_andgcannot be‘deposited from aqueous solution because
of its high'oxidation potential Magnesium has:some'excellent properties
’1n light weight and high strength.alloys, and also as a consumable anode
for cathodic protection. Since lithium had been deposited from its
solution in PC ‘itZSeemed_that magnesium; nhichrhas ;’1a&éf standard
potential; could he deposited‘also.h:Iniaddition'ibecause of:itsdhigh'
energy den31ty, rever31ble deposition-dissolution behav1or of magne31um
in PC could lead to 1mportant applicatlon in the field of high energy
vbatteries. | | | |

| 'A revienvof'preyious.attempts to-deposit magnesium_from-nonaqueous.
solvents shoﬁed.that:inda yery few cases magnesiun'Was obtained-in an
impure.forin..5 Magnesium was obtained in an 1mpure form by electrolysis
of Grignard reagents,5 however, this process has no economical application.
Magne51um was - not obtained from 1ts solutlons in ethylenediamine 211
acetone‘or monoethanolam:me.2.12 Overcash.and Mathers213 could not obtain
"Mg from severalrorganic solvents. Mg was not obtained-from MgBrzvin
_.pyridine,214 but Mg amalgam was obtained by using a mercury cathode.
Muller and his co—workerleé claimed to have obtained Mg and Ca from
pyridine‘solutions; howeyer, their results:are uery doubtful, Connor;
'Reid and,woolesistudied.the deposition of Mg from etheral solutions
‘containing magnesium halides, hydride, borohydride'or Grignard reagent.
Mg—B alloy.containing 907 Mg and 10%Z B was obtained from Mg(BH4)2
solution in ether. An alloy containing 7% Mg and 93% Al was obtained

AlCl, and LiAlH,. Recently, Brenner

from diethylether SOlution'of.MgBrz, 3 4

217




w
Mt
.
%
4
'S
N

s
.‘w
y
R
G

S S

:;245;2
S
Vreported a successful deposition of smooth white, somewhat ductile
'coating of magneSium . It was obtained by reactions involv1ng decaborane

B10H14. The solvent was tetrahydrofurane (THF), and the solute is: probably :
Mg Blo 12 2Et 0. Harris and Tobias were not able to dep031t magnesium_"
from MgBr2 solution 1n propylene carbonate.6 Jorne and Tobias218"

‘;deposited 80% pure magnesium from solutions of magnesium halides in PC

in the presence of Li or. Na borohydride.

VTV;l; Experimentalv‘;

The electrodepOSition experiments of magnesium 1n propylene carbonate

-'(PC) were qualitative.in nature. The magnesium salts, or their combination
‘1i:with other solutes,wwere dissolved in 100 ml distilled PC (water content
‘was less than 40 ppm) inside an argon atmosphere glove ‘box. The salts
were dried in31de a vacuum oven at low.pressure (<50 qu) and high
temperature (>200 C) The dissolution of‘the salts was carried out
inside the glove box by stirring the solutions for at least 24 hours

"Most of the electrodep081tion experiments were performed in an H—type

i
JE

‘:icell where the cathodic and the anodic compartments Were separated by
fa fritted glass MagneSium rods or platinum foils served as anodes, and
" platinum f011s served as cathodes which were examined for poss1ble Mg
deposition;;-A typical deposition experiment 1asted for a few hours,
iand'was'carried oUt in a galvanostatic mode. A'constant current‘supply

Z,Q(Electronic measurements c- 613) was used the current was measured by .

’;"a Keithley electrometer (K—60l), and the total applied voltage 'was

- recorded and. served as a rough indication for the concentration and the
: cdnductance-of the solutions.’ The deposits wvre removed from the ce]l

washed carefully with pure‘PC and were sealed inside small glass test
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tubes forvobservation,.and chemical and xnray analyses. Only deposits
which showed metallic or powdery appearance were analyzed chemically,
The deposit was dissolved in a dilute nitric acid solution (total volume
10'ml) in water, and:O;l'ml was taken for initial Spectroscopicvanalysis
for Mg, ﬁi, Na~.Kiand*B 'Accuratevanalysis for Mgiwas done using EDTA
titration (EDTA molarity was 0. 00879 and the standard Mg solution was
25 ml of O 01072 M) \ The analysis for Li or Na was performed with flame-
spectroscopy. In addition, some deposits were analyzed by an X-ray
diffractlon analy31s (Ka radiation of 1. 54050A Picker X—ray, Model
3488K) ' The diffraction pattern was recorded and analyzed by comparlng
it to related magnesium and alkall metal compounds. _Since, in most |
'_cases; the deposit mas»very'thin,'the peaks corresponding to Pt were
subtracted from the diffraction pattern. The deposits were observed
under a microscope as well (Zelss metallurg1ca1 microscope) Pictures

of the depos1ts were taken with a polariod camera.

'FIV.2. Results and Discussion

IV{Z—l.‘“ﬁeposition from.PC Solutions

| Table IV~ l summarizes the attempts to dep031t magnesium from PC
solutions. The magnesium.salts as wellvas the complexing agents are
listed in‘the'first two columns. The mole'ratio, which is'the number
-of- moles of .the complex1ng agent per one mole of the Mg salt, is tabulated
in the third column The magnesium salt molarity is given in the forth
column and thevapplied current denslty is given in the fifth. Visual
_ohservations of the cathodes and the anodes, as well as the chemical
analysis and the X;ray diffraction patterns of the deposits, are listed'

in the last two columns. The X-ray results are presented in terms of
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XBB T701-551
Fig. IV-1. Mg deposit on a Pt rotating-disk electrode. Electrolyte:
0.5M MgCl, and 1.0 M NaBH, in PC. L = 1.0 mA/cem?,
Rotation Speed w = 3600 rpm.



Fig. IV-2. Iig deposit on a Pt rotating-disk electrode. Electrolyte:
MgCl,. + NaBH, in PC. i = 2 mA/cm®. Deposition time:
8 holrs. Rotation speed: 3600 rpm.

XBB 278-4119

Fig. IV-1l. Side view of magnesium deposit from :ig(BH, ). (0.25M) solution
in PC. Current density: 1.0 mA/cm?. Température: 25°C.



| . : , v :
the iﬁﬁeLphnuar‘ spacing d, which.corrésponds to thé angle 20. It was
found that the preseﬁce of some.complexing.ageﬁts incrgased considerablly
the solubilities of otherwise insbiuble magnesium sal£s. Thevpreseﬁce
of AlClg increases Fhe solubility 6f the mégnesiuﬁ‘halides adcording

| .
to the following reaction:

MgCl, + 2A1C1, > Mg(AlCL),

[N

Thisvcdmpouﬁd was prepared also by fusing'stochiometric quantitiés.of

MgCl, and Al1Cl, under argon atmosphere at elevated température of 350°C.

2 3
The same procedure was applied for’MgBr2 and A1C13}

Magﬁesium perchlorate was dried carefull& ﬁﬁder_high vacuum and
elevated fémperature 200°cC, and was readily dissolved in PC gi§ing a
" clear though sqmewhat viscous solution. Treating'the solutién with
Linde molécular sieves 4A changed the naturé ofithe deposit giénifitantly.
Without mbleqular sieve treatment, gas evolution was dbse;yéd, accom-
panied‘by_yeilow.gelatineous deposit. Following ﬁqléculaf sieve
Vtreatmenf, the deposit.was dark and disappeared upon exposing the ééthbde
to argon atmospheré leaying a white percipitate‘on the:cathode. Mg
anodes dissolved very well in this solution; 1eaVing‘a bright, almost
polished surface. |

IvV.2-2. Mg(BF Mg (PF

4)2, and Mg(PCl6)2

6)2_

On the basis of the observation that salté H;ving lafge.aﬁions are
more soluble in PC, attempts were made to prepafe the following salts:
: Mg(BFi)z, Mg(PF6)2 and Mg(PClG)Z’ Thesgvsalts are unavailable commeréially.
. Mg(BF4)2 was_prepared in PC according to . | '

MgF, + 2BF, > Mg(BF,),
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Mngvwas added'to'ch and BF3 gas was bubbled and dissolved in the mixture.
The reaction ‘was very'exothermic and was cooled with liquid nitrogen
Stirring w1th.a magnetlc stirrer was necessary to prevent local heat1ng

and decomp031t10n of the solvent. BF3 is a strong Lewis acid and co- .

ordinates strongly w1th‘the PC dipoles. The behav1or of BF3 in PC is

. very 51m11ar to that of AlCl Mng dissolved upon adding an excess of

3

BF3, however, the solution was somewhat brown, and no depos1tion was
ohtained at the cathode after the electrodep031tion stage. Because of

the high toxicity of BF3 gas,. another method was tr1ed NaBFa.was added

to,MgCl2 or Mng 1n the presence of an excess of Mg(ClO ) In both
cases, dark deposits ‘were obtained after the electrolysis, containing

' the deposit’contained

.mostly magnesium and sodium. In the“case of‘MgClz,

88.3%wt - magnes1um dThe same procedure was tested with KBF substituting

4
NaBFa.i Since KClO4 is insoluble in PC, the follbwing precipitation reac-
tion was performed »

+_2KC104(s)v

PC
Mg(ClO ) + 2KBF, —> Mg(BF

4 4)2
.However, the reaction did not proceed to completion and potassium metal

was observed at the cathode.' The same ionic reaction was also tried in

aqueous;solution, since KClO4 is practicallyvinsoluble in cold water.
o S " _ v
20

| Mg(,C104)2 + 2'KBF4-—-> Mg(BF4)2 + 2Kc104(s)

The heavy_precipitate7was filtered-and the resulting clear aqueous_solution
of‘MgtBF4)2 was evaporated to dryness under high vacuum and temperature
,(300°C)' ‘The white salt was dissolved in PC and the clear solution was
.electrolyzed at 1 mA/cmz; Gas evolution was 1nit1ally observed. Heavy

treed depo81t was'obtained at the cathode. The deposit was stable in




L -255-

air; and~was‘veryﬁsimilarit0'the one obtained flém'ca(BFé)v solutioniin
PC.. X—ray d1ffractlon analysis of the powdered dep031t, after a long
=exposure to air, showed clearly that the oxidlzed dep031t was MgO vTh§,
'origlnal deposit was probably metalllc Mg, which was then ox1dized in

the air to MgO ~ The peaks of the X—ray analysis“were' 2 43 2 106, Vl 486f

~ 1 216 l 053 Q. 942 and 0.86A, in good agreement with the MgO d1ffraction

. data..v'

KPF6 was added to MgCl2 in PC but metallic pota851um was obtained ,
upon electrolysis at the cathode.
MgCl2 dissolved in the presence of PCl5 in PC, probably according
to. the reaction |
. PG
MgC‘l- +. 2PC1, j-~>Mg(PCl )5
: 2 Sv 2
1VfHowever, 1mmersing magnesium rod in this solution resulted in a violent

, reaction and strong gas evolution. PCl5 is a fuming and corrosive salt,

V'IV 2 3 The Borohydride Solutions

The d1ff1culty of obtaining magnesium deposits from PC is believed
{tovbe caused by kinetic rather than thermodynamic factors; since lithium o
and the rest of the alkali metals which have higher standard potentials,
_were deposited successfully.v It is believed that the formation of
funipositivengl+; which attacts the solvent via radical reaction, is

the main cause for the failure.of obtalning magne51um dep031ts.‘ Therevv

v 'fore, it was assumed thatvthe‘addltlon of strong reduc1ng agents,»llke
the borohydrides might stabilize the unipos1tive ion and further reduce
it to the metallic state. The results obtained 1n the National Bureau of
Standards,216‘1n wh1ch almost pure: magnesium dep031t was obtained from

Tetheral solution of Mg(BHA)z, encouraged .this approach
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LiBH4 was found to be reactive in PC, although slow addition'of‘=
‘it to_MgClz'ianC resulted in deposits of Li—Mg alloys. - The Mg content
in the_deposit obtaingdtfrom_Mg(ClO4)2 and LiBH4 was up to SOZ Mg.
Magnesium borohydride'mas prepared in etheral'solution'according?to'the
,.reaction' | | |

Ether |
MgBr + 2LlBH4——-->Mg(BH4) 4+ 2L1Br(s)

2
The solutlon was flltered and evaporated to dryness under Vacuum. The

dry Mg(BH4) was dlssolved slowly in PC. The solutlon was electrolyzed

but the grey dep031t obtained at the cathode contained only 18. 8% magne31um,__"
and the rest was lithium. The same procedure was tried using NaBH4 1nstead
of LiBHaehecause_NaBH4'is:not'reactierin PC. Ihe addition of NaBH4 to L
Mg(ClOA)é in PC resulted in a deposit‘containing 51% Mg.

»in conclusion, the presence of horohydride'ionsnhelped in the'

deposition‘of magneSium from PC; however, the‘reduction of'lithium or
sodium“interferred and gave the corresponding alloys with magnesium. .It'
>'1S belleved that solutlon of Mg(BH4) in PC, free of alkall metal 1ons,.x
mught glve a pure.magne31um deposit, though this process Would not have .

any commerclal appllcation since BH

4 ions are taking part in the .

reductlon mechanism,'

IV.2-4. Ethyl ‘Pyri'di‘nium Bromide‘Sbolution |

MgClszas soluble in the presence of ethylvpyridinium bromide-in(
PC. However, ethyl'pyridinium_bromide was preferentially_reduced to L o
give a deep blue solution near the cathode. - The reaction product is

believed to be‘diethyldihydro—dipyridyl.219’220 ‘Ethyl pyridinium bromide

dissolved easily in PC.
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IV.2-5. ;ng2+MgvMiktures in PC

‘Since. it appeared that stabilizing unip031t1ve magne81um Mgl+ in
PC for further reduction to metalllc Mg was the key problem in obtaining
' magnesium deposits, attempts were made to prepare unipositive magnesium
'solutlon in . PC -The main question was whether PC was stable toward the
radical action of Mgl ; which is a strong reducing agent. The use of
unipositive magnesiumvas a reduction agent is organic chemistry was
reviewed by Rausch, McEwen. and Kleinberg.221v UnipoSitivevmagnesium can

_ be produced:. l) anodically in the presence of a number of organic

id ox1dants and 2) ‘by preparation of megne31um—magne31um halide mlxtures

in 1nert organlc solvent " The same_reductlon_power,'as-ln the case of
anodically prepared Mg1 R canvbevachiewed whenimagnesium and MgBré, or
motre’ 1mportantly MgIZ, are hrought together in the appropriate organic
801vent in a ratio of 1;1. -»The unlpositive magnesium is formed probably ’
according tovthe equillbria _ u

Mg + MgX2 ZMgX

.This reaction is?ordinarilyvcarried out in etherg benzene or their mixture.
The mixture can reduce:ketones, aldehydes; carboxylic acids, esters, acid
fhalides, etc. Since PC is a cyclic ester, there is a p0381bility that
“the cycllc structure‘might increase its: stablllty toward reductlon.v
Esters are reduced_by_unipositivexmagnesium according to the following_
Vmechanism:zz; The.first stage‘is/a”cleavage by MgX2

> RCOOMgI + RCH, I

RCOOCH, R + HgT )

2 2
' followed by bimolecular reduction of the salt to RC(OMgI) C(OMgI)R

.On the ba31s of thlS discussion, it seemed doubtful whether PC would be
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be stable toward Mg—ﬁgX'mixture.. Nevertheless, attempts.to prepare -’
unipositlve magnesium halide solutions in PC were carried out. Mg chlps
were added,.in excess, to Mg012 and‘Mg(ClO4)2 ianC, with the hope that

the singlehstaée reduction of the unipositive magnesium would be easy.
However magneslum was not depos1ted at the cathode, and. it seemed doubtful

- whether the MgX salt was formed at all. Further experlments of th1s type |
‘were performed in. ether and benzene and are presented 1n Sectlon 1v. 7 which
.deals w1th the dep031t1on of magnesium from related solvents. |

IV.3. The Mechanism of Mg ReduCtion in PC

The 1nab111ty to reduce Mg2 in PC to its metallic form is due to
kinetic reason rather than thermodynamlc reasons. The fact that all the
alkalltmetals wvere deposited from thelr PC solutlons proves that PC has
the potentlal range to" achleve the standard potent1a1 of magne51um vlthout
self decompositlon. _However; the fact that magnesium ions are bivalent
raises thevquestion vhethervunipositive magnesium,‘which is believed to’
‘be formed anan-intermediatevstep; is'stable in PC. Un1pos1tive magnesium
1s.a strongnreduc1ng agent and was reported as be1ng able to .reduce v”
esters.zgl Despite the stability of PC due to its cyclic structure,
it is belleved that Mgl ions attack PC via radical reaction to glve an
organic product whlle they are oxidized back to the1r bivalent state.v
This mechanlsm is. supported by the organlc yellow depos1ts which were
observedvln most of the experlments, and by the evolution of gas (probably
propylene or COZ) at the. cathode. |

The following'mechanisms are suggested during the reduction of simple

magnesium salt in PC (e.g. Mg(ClO4)2 or MgBrz);
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I {1 |
: Mg"zf +e -’MgH, . o /
N 1+ ‘. . . ‘- R . . .' 2+'
- = »> - CH - + Mg
0

Secondary radlcal
more stable

37 '5 SRR '3 9 |
6 o N C-—_O - CH2 - CH'- CH - CH2 -0 - ﬁ f'O'

0_

The final product 1s a Mg salt of the biscarbonate ester of the diol

H, CH CH(CH ) CH(CH ) CHZ—OH However, the following alternative

electrochemical reactlon mlght occur at the cathode'

_HO CH

. "-_'/O _ S 5 ,0 v : R R
O e = T0-6¢” s ony - on =, + o0y

The f1nal products accordlng to this mechanism are propylene and carbonate '

: 1on which might be identified as a deposit of magnesium carbonate at the
cathode.. The propylene gas is soluble in PC and probably starts to evolve

“only aftervsaturation‘has:heen reached. Propylene was 1dent1f1ed else-
_'where as the product of the reduction of pure PC on graphlte.222
The presence of borohydride 1on which is a strong reducing agent

stabilizes the presence of Mgl ,.and furthermore, reduces the~unipositive

'_magnesium to 1ts metallic form

"Mgl+’+'BHA”‘-» Mg® + BH, = 1/2 H,
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Traces ol boron ml;_;llt be presented also In the cathodic deposit via

further reduction.

IV.4. Electrodeposition of Magnesiuvarom Related Solvents

Along:with the attempts to deposit magnesium from its solution in

PC, several other nonaqueous solvents were also tried. The results are. -

summsrieed:in Table IV-2. Dimethyl sulfoxide wes.tried on the'paslsv
of its sinilarity to fc;;and the possibility thetanéo nould pe'more:
stable towerd unipoSitlye magnesiumiion. However, nolmagnesium was |
obtainednfrom DMSd:solutions.k

The existenceiof Mg;+ ions in'solvents like pyridine;‘ether and -
Vbenzene was reported 22}_ These solutions are used as reducing agents -

1+ . . .
in organ1c chemlstry._ Slnce Mg is formed as an intermediate step,

these solvents were tested as possible media for the reduction Mg + e—-

Mg. Also, conflictinug.‘re.portsz;5 regarding the depositlon of Mg from
yrldlng solution encouraged retestlng of this solvent Magne31um was
not obta1ned from Mg(ClO4)2, MgCl2 or»MgBr2 solutlons in pyridine. The
pyridlne nes dried by L1nde mOlecular sieves 4A without'any rurther
treatment. Attempts to prepare solutlons of Mglf in pyrldlne, ether
and ether—benzene mixture did not produce metallic magnesium In p
addltlon, the conduct1v1ties of these solutlons were very low. The
‘ether and the benzene were dried by Linde molecular sieves 4A without

any further'treatment.
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‘VI.S;_.ElectrodepOSition'of calciuﬁ“

Few attempts were made to dep051t calcium from its solutions in -
PC. The experlmental procedure was 1dentical to the one used during
" the deposition of magnesium from PC .Yellow depositfwas obtained.at
the cathode durlng the electrolysis of CaBr (0 5 M) in Pc.v-cfe§ treed
-deposit was obtalned from a solution of Ca(BF4) (0 5 M) in PC The
:deposit wasj51m11ar to.the one obtained from Mg(BF4) “in PC. X—ray
diffraction analy31s of the powdered dep031t whlch.was exposed to
nos ‘ (Interplanar

2
space: 3. 15, 1.93, 1 647, 1.366, 1.253, 1 115, 1 051, 0. 966, 0.9233,

atmosphere, 1nd1cated clearly that the dep031t is CaF

0. 864A ) The solub111ty of Ca(BF4)2 in PC is 1 44 gr/lOO ce. 6 YelloW»}

deposit was obtained from the electroly31s of Ca(C104)2 in PC -Pre—yr

treatment w1th molecular s1eves (L1nde 4A) resulted in a dark- dep031t

which.disappeared upon exposure to argon atmosphere.. | |
No dep031ts were obtained from Ca(ClOA) or Ca(BF4)2 solutions in

' trr—ethylene glycol dimethyl ether (TEGDME) In addition the con-

ductance of these solutlons were very low. The'solvent was'distilled

in a 51ngle-stage dlst1llation column and 31nce ‘the’ water.content of

the solvent uas not‘known, the negative results should not be consldered

as conclus1ve."r
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APPENDIX_V “THE ELECTRODEPOSITION OF TITANIUM
FROM PC AND RELATED SOLVENTS :

_ Pure titanium'hasvnever been deposited»from organicosoluents.’_Ihe,
ekeellent broperties:ofﬁtitanium.asia‘eorrosion;resistant:ﬁmetal-'andr
as a very important construction material in the-aerospace industry, .
attracted many attempts to deposit T1 from various organic solvents,'
though onlyatltanlum alloysphave been obtained. Re1d,_B1sh and Benner223.
”deposited alloys‘ofrtitanium'and zireonium'from:etheral‘solutiOnicon_
taining’halides,-hydrides,lborohydrides'and organo;metallic compounds
tof.Ti and.Zr. Alloys of Ti and Al were obtained,vcontaining up to 67 -
' li; Of all the elements of Group IV of the periodic table 'only germanium
hwas electrodeposited in a pure form from solutlon of germanium tetra-
chloride in propylene glycol 224 Harris,and'Tobiasé did not obtain V
'}titanium from solution of TiBr4 in propylene earbonatekat current up
'::to 32 mA/cmz;vnor from solution resulting when NaBH reacted With a

4

' hsolutlon of TiBH4 1n PC The purpose of the present work was to 1nves—

‘tigate further possible solutions of titanlum salts in PC and related

-solvents.

d'.V.l. -Experimental
.The attemptS'toﬁdeposit titanium fromvPC'solutions'were exploratory
-_1h nature.vdlitanium salts;“or their oombination with other solutes,
"VWere dissolved in'lOOEml distilled ?C (the water eontent was 1ess than .
.v§0.ppm)'insidehanvargontatmosphere glove box. The salts were dried"
prior'to use inside;aduacuumvoven.at low pressure,and high»temperature' _
'(200°C).2 The dissolution oilthe saltS»was performed under~stirring_.

for at least 24 hours. The electrodeposition experiments were carried
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IOut in an ﬁ—type glass"cell,vin‘whichvthe_cathode and the anode werev
separated by‘a fritted'glass. ‘Platinum foils served asfelectrodes. A
typical electrodeposition experiment lasted for a few hours at constant
current up to 10 mA/cmz. The solutlons were stirred dur1ng the enper-
-.lments w1th small magnetic stirrers. A constant: current supplierv
(Electronic Measurements Model C—6ll) was used, the current was measure
_by a Keithley electrometer Model K—601 and the applied potential was “
measured and served as ‘an indlcator of the conductance of the - solution
The deposits were: removed from the cell washed carefully with pure PC _U
and sealed in’ small glass test tubes for optical observations and X—ray'
analysis. X~ray diffractlon analysis was taken w1th ch1 copper radiation.
of 1. 54050A The diffraction patterns were analyzed and the peaks_
1corresponding to the platlnum substrate were subtracted from the obtained
patterns. The deposits were observed under Zeiss metallurgical micro—z
'scope, and the particular depos1t which was obtained from LiBr + TiCl3
solution in PC was. examined in electron microprobe |

'j_: V;Z. Results and Discussion

Table V l sunmarizes the attempts to dep031t titanium from PC and
_pyr1d1ne solutions The solutes are presented in the first column, as
well as the molarity and the color of the solutlon. The current dens1t1es
‘_'are given An. the forth column, and the description of the cathodic
ldeposits, along with the results of the X-ray analysis are given in the
last column. .Thelx-ray analysis is presented in terms of the interplannar

spacings,ywhich‘correspond to the angle 26,
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uot the 31mple titanium salts, only T:LBr4 and liIa'were'soluble.v'
izdFrom the colorful solutions metallic titanium was not electrodeposited
3 was insoluble in PC but in the presence of LiBr TiCl dissolved
Agiving a dark solution. The deposit obtained from this solution was

.heavyhand'WaS'identified as lithium deposit which formed an alloy with
h the platlnum substrate.- A picture of the deposit is g1ven in Fig. 3-5.

.1This pattern was typical for all Li—Pt alloys which ‘were obtained during :

- the electrodep031tion of 11thium T1C12 was insoluble in PC. ,Since the

'H'_Qsalt obtained from the storeroom did not carry the manufacturer s label

.:1t is doubtful whether the salt was 1ndeed TiCl2 : Grey metallic deposit'
was‘obtained from _Ti‘Cl3 solution in pyridine which was pre—treated with
Linde molecular sieves 4A X—ray analysis results were not conclusive

as;to whether-the.deposit containedvmetallic titanium.

i
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APPENDIX VI. THE ELECTRODEPOSITION OF MOLYBDENUM
‘ FROM' PC AND PYRIDINE SOLUTIONS

Molybdenum has not been deposited in pure metallic form from organic

solvents. Molybdenum could not be obtained by electrolysis of MoClS,
MoCls and MoBr3 in Several'organic solvents, including formamide and

acetamide,zzslacetonitrile, amides, ketones, polyhydroxy alcohols and

ethers.226‘ The fayorable properties of:metallic molybdenum attracted

attempts to deposit molybdenum from various solutions in PC and pyridine.

For a general discussion on’ the deposition of molybdenum and other rare -

5
earth.metals,,the reader is referred to Brenner's review.

,:VI.l." Experimental

:i The electrodeposition attempts to deposit molybdenum from PC and
pyridine solutions were qualitative and exploratory in nature.' The
vexperimental procedure was ident1cal to the one used in the attempts
to deposit titanlum’from the same solvents (see Appendix V)

Vl.2. Results and Discussion

Table VI-1 summarizes ‘the attempts to deposit molybdenum from
;various PCband pyr1d1ne solutions. MoCl3 was 1nsoluble in PC, while
MoCl4 was qulte soluble, (0 5 M) but no dep051t was obtained durlng
electrolys1s of the dark solutlon. MoCl4 was slightly soluble in
pyridine, and a very th1n deposit was obtained, but the applied potential
was very high (2100 volts). Very thin dark deposits were obtained
from solutions of molybdenum oxychlorides, and the applled potentlal

mas‘yery high due to low conductance solutions and deposits. MoOC1

3

_reacted with pyridine to give MoOCl3 2C5 5N but no deposit was obtained.
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