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ABSTRACT
 Accurate thermodynamicﬂpropefties of lithium ‘chloride in dimethyl
sulfoxide have been determined with the cell -

[Ll( )ILlel(solutlon)[TlCl(s\[Tl<H ) z)lPt

. The standard cell potentlals were found to be 2. h212 2. hl76 and 2. 4137

volts at 25 E 50 and 55 C, respectlvely Act1v1ty coef;1c1ents at each

temperature were determined as a function of concentratlon The reference

electrode performed well, for solutions more concentrated_than approxi—r
~mately 0.01 molel.‘ In mbre‘dilute solutions, the solubility of :thellous

chloride had an appreclable effect on the cell potential. A general

method is outlined for analysis of the behavior of cells involving refer-

. ence electrodes of the second kind and the way in which diffusion affects

their performance.’ The results of this development are applied to the

- specific cell type given above. The standard cell potential of the

analogous calcium system at 25° has been estimated to be 2.17 volts.
The entropy and free enefgy of transfer of lithium chloride from water
to dimethyl sulfoxide we;e‘calculated and compared to analogous results

for other solvents, and for other salts. These thermodynamic functions

were found to depend on the dielectric properties of the solvents, and

to a smaller degree on the size of the lons comprising the salts.
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Introduction

The state of electrolytes in dllute solutions can be described quali-

.«
.

tatively for"both aqueous and nonaqueous solvents. A Few quantluatlve
statements can also be made abéﬁt the Béhaviof of such sysfems;_such as
the Debye-HKickel law for activity coefficients of electrolytes in dilute
solutions, but conéentfated solutions are not well ﬁnderstood}

Early studies in nonaqueous electrochemistry were limited to the
confirmatioﬁ of theories fognd appropriate for aqueous solutions. Many
of tﬁese studies were qualitative, and the accuracy of the data is not
high. More accurate and extens1ve studies were begun as interest grew in
_ ut111z1ng nonaqueous media for reactions which necessitated the exclusion
of water. The recognltlon that the solvent influences the thermodynamic
propertleé of the reactants and oroducts of reactions apd the 1ntimate
connection of these properties to the course of reactions made electro-
chemical studies in nonaqueous solvents quite important. The result is
that there are data available now; of va;ying degrees of accﬁracy, in a
nugber_of different solvents. e

| In general, the accuracy of cell pectential data in nonaqueous solvents
is lower than in aqueous solutions. Strehlow76 has estiméted many of the
eléctrode potentidls to be accurate to O. 0l volts, but the data in liguid
ammonia may be accurate %o 0.00l volts. The most accurate data are for
cells with aéid electrolytes69; Since the difference in cell potentials
for two different solvents is in the order of O.i-O.B ;olts, the uncer-
“tainty may be in the order of 10% for data accurate to only 0.0l volts. <

The more'ambitious goal of relating the behavior of electrolytes
to fundemental molecular parameters would allow fuller use of meager

data in nonaqueous solutions and the traﬁsnos1tlon of information from
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the extensive data fofﬁééueous solutioﬁs; but the verificafion ofvsuch a
correlation'requires ecdurate deta for aismall number of nohaQueous Sys-
tems;i Tn order to characterize the influencevof the sclvent on ionic
behavior, as indicated by free energles and entropies of solvation, it

is desirable to obtain cell &ata which are accurate to 0.1 millivolts.
/[

The determlnatlon of data of this accuracy necess1tates a careful
selection of the type of cell, elecurolftes, and electrodes to be used.
The type of cell which yields the most accurate data is a cell without
transference, i.e., a cell in which the electfolyte is of uniform composi-
tion throughout. This cell requires that one electrode be an electrode
of the second kind. Such an electrode consists of a metal and a salt of
the metal which is sparingly soluble in the solution. The electrolyte
in the cell’must tﬁen,ﬁave an anion in common with the sparingly soluble

salt. The successful use of this cell, especially in dilute soluticns,

- depends on the low solublllty of this spar;ngly soluble salt. In concen=

trated solutions its concentration is suppressed by the common ion in
solution, but in dilute solutions the diffusion of the slightly soluble
salt away from the reference electrode will lower the cell ;otential.
In nonaqueous solvents, it is often difficult to find a =salt which_is

insoluble enough to insure good behavior in dilute solutions, and this

' 1imits the accuracy of determinations of the standard cell potentials.

The-Behavior of a'referenCe electrode from which is diffusing a sparingly
soluble salt is analyied in detail‘in‘Appendix L |

The choice of dimethyl sulfoxide as the solvent in which to conduct
cell potential meaeurementsbwas based -on both practical and theoretical

considerations. It has a high dipcle moment and is a gecod ligand for metal
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ions. The éblvent has been used e#tensively’inﬁreqént years ahd has
promise as an iénizing solvént. The idnizing prdperéies were confirmed
'by the'resultéibf'solubility, polarographj—and_éonductivify.studiés‘in
the solvent. The solvent was reported to be stable toward mild oxidizing
Vahd'reducing agénts: Attack by certain of thé alkali,and alkaline earth
metals is quite slowf This suggested that electrodes of such materials
could be used for thermodjmamic measurements. A review of the physical
and chemical properties is given in Appendix 2. |

- The purpose of the'présént research was to determine accurate
standard cell potentials and activity coefficients in dimethyl sulfoxide.
It was first‘neéeséary'to estéblish a'feference‘electfode for use in the
solvent. Measurements were fhén made on cells which-ﬁtilized this elec-
trode, and finally the data were compared to information on analogous

" systems in water and other solvents.
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-‘fEkperimenﬁal
Tne experlmentel studLes of the electrochemlcal cells may be divided
into wo groups: (~) measureﬂents on. the reference elecurode, and (2)
measurementé of the potentlals of electrodes with respect to the reference

electrode.: The latter group of measurements were made only after a

reference electrode was found which could be used in cells without trans-

_ference.’

The search for a reference electrode began with a sﬁrvey of solu-
blllty aata in the solvent. In dimethyl sulfoxide, the chlorides, bromides,.
1od1des, nltrates and percnlorates were reported to be the most soluble

salts, with the sulfates and fluorides only sparingly soluble. The

' chlorides, bromides and iodldes were Judged to ve the most promls;no, but

a sparlngly soluble salt of one of the anions had to be found to serve as
part of the reference electrode. Kolthoff and Reddy)+2 found that silver
chloride dissolved appreciably in excess chlorioe solutions in dimethyl
suifoxide, and in the present research mercurous chloride was found to
disproportionate in the solvent.' These observations eliminated the two
electrodes which have proved most usefui in aqueous solutions. Thellous

chloride was found to be only slightly soluble in the solvent and did not

"dissolve perceptibly in excess chloride solutions. Since the thermodynamic

propertles of thalllum amalgams were well known68, and the liquld amalgam
would make it possible to obtain 2 reorodu01ble, clean surface, studles
were begun on the thallium amalgam-thallous chloride comblnatlon as a
possible reference electrode. ‘The fwo types of measurements made on the
reference electrode were bilas pOuentlal determinations end polarization

studies. The flrst is 51mply 2 measurement of the difference in potential

(¢
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between two identiéal reference éléctfoééé iﬁ:thé same sbiutibng éﬁd
should be very near zero. The poiarizatién studies donsiéféd §f.pas§ing_
.curreﬁﬁ;between two 6f'these electrddeS»and measuring their pétential
difference. FQf small cﬁrrents the.pofentiél’difference should be pro-
portional Eo the current passed, for an electrode to be ; good reference
electrode. |

 After if waé found.that the thallium amalgam-thallous chloride elec-
trode could be uséd as a reference eiectrode in dimethyl sulfoxide,
.measuremgnts were‘begun on the lithium, calcium and magnesium sysfem.
| Fach system was composed bf the chloride bfvthe‘metal as the electrolyte
in solution and either the ﬁetal or an amalgam of the meﬁal as the elec-
tréde, the potential of which was measured against the reference elecﬁrode.
The cells were(aséembled in a glove bdx, and then brought to‘259C in a
, ﬁater bath. Méasureﬁents were first made after the cell had_been in the
ﬁhermostat about fifteen minutes and again after one hour. If the poten-
tial meaéured was constant fo less than 0.1 millivolts, the cell ﬁas
' broﬁght tov50°, and the measurements conducted. The measurements were
then made at 35°, the bath temperature was returned to 25°, and the poten-
tial measureménts were fepeated.

The details of the experimental procedures are given below.
I. So%vent ?urificatiog
The distillation column (Figure 1) was one meter loﬁg, 1.5 certimeters

internal diameter and pécked with stainless steel coils. The column was
“equipped with a water-cooled condenser and a reflux ration cqntroller.
Apiezon stopcock greases were used to lubricate ground jolnts since they

were the only ones found which did not dissolve in the solvent. Stopcocks
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. on the collection. vessels ware Delmar-Urry needle valve stopcocks with

+teflon plugs° Lhe vessels were de515ned so that contacb of the solvent

with stopcock O-rlngs were allowed only dur;ng dlscharge ‘from the vessels.

' Only etnylene-propylene O—rlngs were found to be Inert to the solvent.

Distillation of the solvent was carrled out at Smm Hg pressure andA

approkimately 80°c. The reilux ratio was varied from 60 :1 to 1:1 duang

the distillation. The ;1rst and last portﬂons of the dlstlllate were
discarded;vand only the middle 5/& was‘collected for the expérimental
work. The starting material contained less than 500 parts per million
water as specified by the supplier. The distilled solvent contained less
than 50 parts per million water as determined by Karl Fischer titration.
The collection.vessel was not:detached_from the column; the solvent

was discharged directly into the dispensing vessel. The transfer was

' made under dry argon. The dispensing vessel was evacuated on the vacuum

line to approximately 1 rm pressure, closed tightiy and transferred into

the glove box.

II. Use of Glove Box
The vacuum glove box was of the Livermore design. It was equipped
(see Figure 2) with an antechamber, glove ports for one operator, and a

vacuum pump canable of evacuating the box to a few microns pressure. It

was malntalned under dry argon (dew point -100 F) throughout the course

of these experlmenus.

The atmosphere could be removed and replaced in about 4 hours. The

bulk of the argon was removed using the central vacuum system available in

Gilman Hall. After evacuation to the desired pressure (usually 2—3 microns)

the enclosure was ;;l;ed with argon. ‘The argon was passed through

molecular sieves at dry ice temperature in order to remove moisture
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introduced through leaks in fittings.

IIT. Amalgams

The thin oxide coating.on fhe tﬂéllium.metal waé‘removéd by washing
with dwstllled water., The metal was theﬁ traﬁspefred to é wéighiﬁgjbulb

qdlpbed with a stopcocm, the bulb.was evacuated to remove the excess water

and filled with dry argon. The bulb wa. s welghed and transferred to the dry
box where the metal was‘dissolved in mercury. The bulb was removed fronm
the dry box and weighed again. The amount of displaced argon was estimated
from the density of thallium and argon; and was ﬁever more than 0.5 ml argon.

The‘amalgam.wasbstored in the dry box. The amalgam dispenser could be
closed to the dry box atmosphere so that there was a minimuﬁ of oxidation
of the thalliﬁm; Occasionally, the amalgam was analyzed to correct for
changeé in conceﬁtrétion due to oxidation.  The method of Foley and Osyany
was used for the separation of’théllium and mercury, and thallium was deter-
mined by oxidizing Tlflwith standard KIO5 solution. The endpoint was
detected when the first ekcess of iodate bleached the ameranth indicator.
The details of the iodate.determination of Tl+ are 'given by Kolthoff et alhh,
IV. Electrolytic Solutions |

A1l the solutioné were approxima£ely.250lmilliliters in volume. All
weights were aetefmlnod with argon in.the volumefric flasks.

-Concentrated solutions of lithium chlorlde were made by welghlng the
vsalt,and the golvent into a previously weighed volumetriclflask. The amount
of argon displéced wa.s cglculated from the.denéity of the gas, the density
of the salt énd the volume of the solution. The volume of the flask was |
calibrated by use of distilled water and the solutions were made tc #0.5
A»milliliter of the calibrated voiume. Since the total weight of the soLution
was 270 grams, the ﬁaximum error due to the uncertainty in the amount of

. . =l . '  po s . R
argon displaced is 6 x 10""%. The maximum amount of lithium chloride weighed
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out was 10 grams with an accuracy of 0.1 mg, which introduced an error of

-5d

% o

The mofe dilute:solutions were made elther by dilution of a concentrated
solution or by weighing lithium chloride and the solvent di?ectly. For
some of the very dilute solutions, 25 or 50 milliliters of a concentrated
solution was DI peute& into a previouslj Wéighed flaék. The flask was
. weighed again and corrected for the argon displaced. Soivent was added,
tﬁe solution made to volume,:and the flask reweighed and the correction made
for displaced argen. The weight of lithium chloride added as part of the
concentrated solutions was determined from the known welght of the 25 or
50 ﬁilliliters addedv the knowm total weightvof the concentrated solutioﬁ
from which thls was taken, and the known total Welwht of salt in the con-
_cenﬁrated solution. The weight of the solvent added as part of the concen-
trated solution could then be calculated.

The solutioné of intermediate concentration were made by dilution of .
100-120 milliliters of more concentrated solutions,. 0f the 250bmilliliters
of solution made for each cell, approximately 10 milliliters were used in’
the cell.and iﬂ the rinse procedure. The weight of solution remalnino
in the flask plus tge welght of the f;ask was debermined. The volume of the
solution was estimated in order %o correct for argoﬁ displaced. Since the
" welght of the empty flask and the density of the.solution was knovn, a nRew
volume of solufion could be calculatéd and a new correétion for displaced
. argon determined. The process was repeated'untilnthe calculated volunme
was constant. The convergence Wés rapld and usually only two series of
.calculations wereArequired, ASolvent was added and the solution made to
volume. The amount of 1iCl and solvent In the soiutibn were determined

by a procedure analogous to that used for the more dilute solutions. The
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larées% error 1s Sti;l that introduced in.détefminingﬁfhe ﬁeight of'LiCi
"in the originai_solutions. . |

‘The éolutions of rubidium chloride, calciumfchiﬁridé; indium chlor-
-ide, and magnesium chloride were prepared in the same way as the lithium
chloride SOIutibn;.

The solutioﬁsvhad to be removed from the_dry on for welghing,
and in order to return them to the dr& boﬁ a special procedure had to
be followed in evaéuating'the antechamber. - The ground jdint plugs for
Athe,volﬁmetric flasks were set on top of the joint at.an angle so that
the‘solution‘was exposed to the atmosphere in the antedhamber.jThe ante~
chamber was evacuated to a pregsure of appréximétely 2 cm mercury éndg/
‘filled_with argon to,atmospheric'pressure. The process was repeated |
three more times. The loss of solution was found to be less than O.1

milligram. After the antechamber was filled with argon for the last

time, the flask was transferred into the main chamber of the dry box.

V. Assembly of Cell N

Ao Cell for électrode potentiai meaéuréments

The ¢ell shown in Eigure‘} was designedlso that two reference
electrodes and three metal electrodes could be used with each solution.
Theielectrodé cup‘and eleétricalAlead for the thallium amalgamiare shown
in Figure 4. A platinum lead projects into the cﬁp 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 connections to platinum are
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CELL FOR POTENTIAL MEASUREMENTS

FIGURE 3.



T

. PTIOS Y3TM PTBII0A0 B —2 >

SINTMIYNSVEN TV INALO

. surol peagq.

NV

sse18 umiuean

ﬂﬁoﬂ
85eT3 punoas m.1||!l¢v

quyof 3sum::HW\:w

T8os.
1d=-85eT3 qJos™ >

IB9S popead

xoakd~-ss8T8 2308 wl||¢v_

TITD UOI SUSATIOH FAOUIOATR

£\

°fl MUAHIT

. uqHOn
mmdﬁw punoa3d 5——> mw




overlald wlth uranium glaos for a vacuum ulch seal. Only platinum is

exposed to the amalgam in the cup; and it is 1mmersed well beneath the

surfacezof the amalgem so that it does not contact tne solutlon. Erratic
.'QJCPtYICQl beh1V1OT was obgerved for cuns in whicb the platinum lead was
nearer the interface between the amalgam and the solution. The electrode
holder for the metal (lithiuﬁ, calcrum, magnesium).is shown in Figure L.
. The metel is attached to the platiqum wire by avstainless steel connector.

The eell and electrodevholders were dried in a vacuum oven at a few
microne pressure and 150°C and transferred into the glove box. Before uee,
" the lithium and calcium electrodes were stored under oil. The electrodes
were cut to the desired 1ength, rinsed free of 011 wlth ‘hexane and qulckly
transferred 1nto the glove box;

vThe lithium, calcium and magnesium’electroaes were assembled, chemically
etched in a dilute solution of hydrochioric acid in dimethyl solfoxide,
rinsed with ture solvent and rinsed twice with the solution to be used in
the cell. Lithium electrodes‘which were not etched but otherwise treated
exactly as above were found to have a bias potential of less than 0.1 milli-
volt against etched electrodes. The steiniess stee; connectdr was never
allowed to contact the etching solution, rinse solutions, solvent or cell
solution. After rinsing‘was‘completed the ground joints were lubricated
with Aplezon stopcock grease and the electrodes were inserted 1nto the cell.

Thallium amalgam was dlspensed into the cup of each- reference eleotrode
holder,‘a‘small amount of thallous chloride was spread on the surface, the
‘ground joints lubricated andlthe electrodes were inserted into the cell.

The solution to be used was introduced ioto the cell; the cell wae then
"closed and removed from the glove oox. .Steel‘springs were hooked over the

Mm__on . s a4 oms .
glass "ears” to insure that the ground joint did not separate. The cell was
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FIGURE 5. CELL FOR REFERENCE ELECTRODE MEASUREMENTS
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then suspehded in the thermostatted bath at 25°C and measurements were begun.

B. Assembly of the cell for investigation of the behavior of the
»% referenCeﬂéiectrodéo | | A
| The cell (Figure 5) was designed so that three reference electrodes
could be used in each cell. The electrode holders (Figure 6).ﬁere similar
in design to those used in the electrode potential measurements.

:The cell and elecfrode holders were aried in the vacuum oven and trans-
ferred to the glove box; Thallium amalgam was dispensed into each electrode
holder, thallous chloride was sprinkled on the surfaée of the amalgam and
the ground joints were lubricated.v The solution to be used was introduced
into the ceil, the électrodes were put into place and the cell removed fr@m

the enclosure. Steel springs were used to hold the Jjoints in place and the

cell was thermostatted at 25°C.
VI... Cleaning of Glassware

After'the measurements of a cell were completed, the sélution‘ahd
electrodes were removed.from tﬁe céll. The cell was rinsed with water, the
electrode holders put in plaée and the cell was filied with concentrated
nitric acid for 2L houré.. The cell and eléctrdde holders were rinsed with
distilled water,‘allowed to sozk in distilled water and thén rinsed several
times with distilled water. Periodically the cells weré cleaned with a
succéssion of concentrated godiuﬁ hydroxide, dilute sulfuric acid and dis-
- tilled Qater. The second cleaning proceddre was deemed ﬁeégssary when dis-

tilled water "peaded” on the cell when it was drained.

Other glassware was cleaned with soap and water and rinsed thoroughly

with distilled water.
VII. Measuring Apparatus

Measurements of the cell potential were made with a leeds & Northrup
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Ke3lpotentiometer. Thé poténtiomete; wa.s caliﬁrated by the meter shop of
Iavrence Radiation Laboratory'%nd found to be .within the'specificétions of
the ﬁanufacturer.ifﬁhe standard cells used were suppliea by The Eppléy
Iaboratéfy and were the type which had a low temperafufelcoefficiegt of
'e.m.f. JThe cells were standardized reriodically at the Low Temperature
Ieboratory. The null device was either a galvanometer (Ieeds & Northfup
'Type'2h30~D, sensitiviﬁy of 4.5 x lO~lO amp/mm defiection) for cells with
concentrated solutions, or a micf;vglt indicating amplifiér fiegds & Northrup
Type 9335B) for cells'with_ diluté solutions. | |
In the investigation of the behavior of the réferénce electrodes, the

‘bias potentiais were measured wiﬁh the potentiometer and galvanometer des-
cribed abové; For the polarization measurements the ﬁoﬁenﬁial was measured
with an electrometer (Keithley 61OR) énd the'cufrent vas measured with a
Sargent MR recorder. -
VIII. -Thermostat

The water thermostat could be conﬁrolled at 25, 30 and.35°C to #0.01°C.
The bath waé agitated by a meéhanical stirrér so that the vafiation in tem-
perature between different parts of the bath was less than i0.0l°C; TheA
bath temperature was monitored with a Béckmanniaifferential thermometer
which had been matched against a thermomefer calibrated by the National
Bureau of Standards;
- IX. Deﬁermination of Weights

Weighté were determined on Mettler balances: one with & 200 gra@
capacity and £0.05'mg precision, the othervwith a 1000 gram cépacity
and 0.05 mg precision. The balances were serviced regularly and checked

for accuracy against standardized weights. The accuracy of both balances

was found to be within 0.1 mg over the entire‘range of capabity.
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. X; Chemicals

Thallium @

Mercury
Lithiuﬁ:'f
,Calciﬁm:

Magnesiuﬁz
Lithium .

Chloride °

Calcium
Chloride °

The metal in the form of pellets vas éupplied-by Cdminco and'
spec1;1ed to be 99. 999% pure Wluh “espect to metallic impurities.

The metal as received had a thln oxide coatlng and was - Su0r°d in

a dessicator under dry argon to avoid further oxidation.

Mercury for. the reference electrode studies was Baker's Analyzed

reagent grade. That used for the lithium, calcium.and magnesium

systems was triply distilled.

The lithium was supplied by the Lithium Corporation of America

" in the form of l/8_inch diameter wire and specified to be of

99.9% purity.

Calcium metal was supplled by Domlnlon Magnesium Ltd. and speci-

fied to be 99.5% pure. The metal was machined to 1/8 inch dia-

. meter 'rods and stored under oil.

Magnesium metal was obtained from United Mineral and specified

“to be 99.99% purity. The metal was cut to the desired size and

stored in the glove box.

Baker and Adamson reagent grade LiCl, specified to be 98.0% pure
was dried by refluxing thionyl chloride33’6 ‘over it for two .
hours. The dried salt was stored in the glove boi. The dried
salt contained no hydrolysis products as determined by a phenol-
phthalein test. Analysis determined dried material.to contain
99.2% LiCl.

The calcium chlor1de was obtained from Johnson, hatthey and Co.,
Ltd., fspec1f1ed to be anhyorous grade, 99. 9% purlty The salt

was dried by reflux1ng thlonyl chlorLde33’6 ~over it for two

‘hours, and was stored in the glove box.
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Magneéium, s ea . o : . -
Chloride ngn851um chloride wgs gupplled_by K and K Laboratories and
specified to be 99.9% pure. The salt was stored in a dessicator

and used without further'treatmeﬁt.
“Thionyl .y theson Coieman‘& Befl supplied the reégénﬁ grade thionyl
Chloride _ 4 _ ‘ _
' ' chloride in sealed ampoules, and the material was used as received.

Dimethyl . N \ ¥ ; ‘ .
Sulfoxide’ Spectrqgraphlc'g?ade (Matheson, Coleman & Bell) d}methyl sulfoxide

. was dried by distillation at a few mm Hg. Some preliminary
expériments utilized dimethyl sulfoxide whiéh was‘supplied by

Crown Zellerbach Corporation and purified by_distillation.

' Thallous . | . . . ‘ '
Chloride ° Thallous phl?rlde was supplied by Electronic Spfce Products Coi

and specified to be anhydroué, réagent grade.

Indium Tri- . : : .
" chloride : The salt was used as recéived from the Indium Corporation of

America;' it'was.specified to be ‘anhydrous ahd 99099% pure.

_gﬁgéi;gz : The salt was supplied by CityﬂghemTCal QOrporation and specified

.£o be anhydrous ahdipurified. Tt was used as received.
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Results

I. Results of meéﬁurements on the thallium amalgam-thallous chloride

x
i
electrode.

-Twovsets of data were takén:

1. AThe.potential difference was measured between pairs of electrodes
in the state of rest.

2. The equilibrium condition was offset by a small applied potential
difference, and the‘resulting cﬁrrent was recorded.

In the state of rest, the difference of potential between any two of
the three‘eleétrodes was always found to be less than 0.03 millivolts.for
solutions of rubidium chloride} magnesium chloride and indium chlqride*,
and less than 0.01 ﬁillivolts for solutions of lithium éhloride. Equiiibrium
was established rapidly after the cell was immersed in the thermostat, and
.was maintained for at least one week Qhen a particular test run was discon-
tinued. When the equilibrium was offset by‘the application of C'+t 10

millivolts potential between electrode pairs, the current passed in either

direction ranged up to 2 x lO_T amperes. This was repeated for all combina-

tions of the three electrodes. The current was,always found proportional to

‘the applied potential, and on no occasion was a hysteresis effect observed.'

II. Cell potentials of the lithium system.

Tables 1, 2 and 3 contain the results of the experimental measurements

on the éell : A : .

P;(s)/LL(s)/L101 (solution in DMSO)/TlCl(s)/Tl@g)(E)/Pt(s)

. o
It was found that indium chloride reacts slowly with the reference

electrode.
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al 25°, 30° and 35°C, respectively. In the first column is listed

concentrabion of the lithium chloride solutions in molality units. The

measured cell potential in absolute volts is listed in the second column. -



 _ ol __'

} | Table 1. | |
Results of Cell Potential Measurements at 25°C.

m B I A Amaleam __;EO"
0.87877 2.473h1 2.40288 1 2.40288
0.30177 o.50252  2.h1l1k 3 2.41307
0.16389 2.54697 2.141600 L 2.41612

0.12450 © 2.55971  2.L1822 3 2.41715%
0.12213  2.5606k 2.41840 3. 2.41733*
0.08803 = 2.57327 2.41820 1 2.141820%
0.08775 257324 2.141805 1 2.41805%
0.07592  2.57932 2.141834 4 2.41846%
 0.05821 2.59230  2.42052 3 2.h1gks*
0.05821 2.59110 2.41932 I 2.h1ohl*
0.02821 = 2.62266 214203k 4 2.L20LE*
0.01775 | - 2.64319 2.4k205h * 1 2.4205L*
0.00988 - 2.66970 2.42053 1 2.42053
0.00891 2.67465 2.12072 1 2.42072
0.0088k  2.67500 2.L2070 1 2.42070
| 0.00768 2.67933 2.41851 2 2.L2047
0.006T7  2.68436 2.11766 2 2.41962
0.004k56  2.70491 2.42005 1- 2.142005
0.00383 - 2.71131 2.41769 2. 2.41965
. 0.00356 2. 71687 2.141989 1 2.41989
' 0.00332 2.71830 2.4175h 2 . 2.41950
0.00275 2.72604 2.41652 2 . 2.41848
o.ooigo 2.7h3hp 2;h159h 2 2.41790
0.00178 ' 2.74803  2.41739 1 2.41739
0.00089 2.77k55 2.40982 2 2.41178
0.00084 - 2.77662 2.40902 2 2.41098
2.40052 2 2.402L8

0.000k45 2.79921

Data used in least squares analysis.

N



Table 2.
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, Resulﬁﬁ?of Cell Potential Measurements at 30°C..

. m
0.30177
.16389
12450
.12213
.07592

.05821
. 02821
.00988

O O O O 0O O O o O

.05821

.00768

o
2.52102
2.54550

- 2.55880
2.5595L
2.57825

2.59156

2.59039
2.62241

2.67002
2.67988
2.68L496

$2.70393

2.71222
2.71765
2.72716

. 2. ThLTT
2.74936

2.77639
2. 77795
2.80111

D O VD NV P PV NV NV NV MMMV MMM NV N D VD D DV N N

E‘o'

X

41803
41233
kgl
.L1489
Jh1ks7
.b41690
.b1573
L1670
L1h68
JL1ke7
.41380
.L41381
11366
41569
~hiolh
Lh1207
41317
L0553
.hokol
<3957

”AmaLgam

-

DR NN DN W EWW E W

NN . DO

Data used in least squares analysis.
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Results of Cell Potential Measurements at 35°C.

m

0.30177

0.1638y

0.12450
0.12213
0.07592

10.05821

0.05821 -

0.02821
0.00988
0.00768
0.0067T
.0.00383
0.00357

0.00275

0.00190

0.00178
0.00089
0.00084

0.00045

Pata used in least sguares analysis.

n

1

Ny

[S)N
L

Table 3.

EO
V2.u0706
2.40856

2.h1122

2.hlll3

2.41085 -
2.41298

' 2.&1190
2.41288

2.41276

2.41073
2.&1036

 2.409%5

2.41165
2.40833
2.40769

2.&0890 _

~2.39723
2.39601
2.39068

Amalgam |

po'
3 L0597
b .LoB68*
3 .h1013*
3 .hiook*
4 sh1097*
3 .41189% -
L .hlzbz*
b .u13oo*
1 41276
2 otk
2 L1237
2 41166
1 41165
2 )h103u_
.2 .L0970
1 .10890
2 -3992L
2 39802
2 39269
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This value for each cell is the average value of the'potsntial of the

three lithium eleggyodes versus either.of the two feference.eiectrodes.

The dev%ation fromiﬁhis average was generally # O;l millivolts Qr-less.
“The poténtiql difference be£w065 two reference electrédés was never greater
than 0.0S‘millivolts for these reported‘Values.of the cell potentials.

If the biaskpoteﬁtial inereased beyond this limit the measurements on that

particular cell were discontinued because oxidation of the thallium amalgam

i
became apparent soon afte;wards. This oxiaation g?s caused by leaks id
the cell. The function E?’ is tabuléted'in the thifd column aid the

 method used to calculate this function is discussed below. In the fourth
column appears a number which identifies tl;xe' thallium amalgam used in the
-céll. In the fifth column the~function B0 is tabﬁlated, This function

is equal to EC' plus a correction for the amalgam concentration.

The cell potential is related to the cOncenfration of the electro-

lytic solution by the equation .

2RT e ‘
- 0 . &£ = . . .
E =F F m {mLiCl YLiCl.] (1)

in which YLiCl is the mean activity coefficient of'lithiﬁm chloride at the

28,29 ‘
molality mr;cy ©f the solution. Guggenheim "has proposed the following

equation for the mean activity coefficient,

, az+,z_l11/2 e
S 71 R - 2Prict Pricy - (2)
I, tﬁe‘ionic strength, is equal to mLiCl for the solutionslof interest
here. z, and fi_l are equairto l, o is a constant which is defined in
the Debye-Hﬁckel theory and BLiCl is a constant,‘taken to be'independen£
of mLiCl' The subscript on Mol will be dropped for convenience. " Intro-

ducing (2) into the cell potential eguation (l), one obtains



2RT . am .o Lrr : :
E+FL'm-l_—_:_;7—2-—‘E-FBLiClm' (3)
1 ) :
The function EC is defined as
E+ 2L 450y - o n'/? -2
F 1+ ml;2 - ‘

t : ) : : .
Thus E° should be a linear function of m in the concentration range for

whicﬁ (2) is valid. Hoﬁever, it is necessary first to correct the present
cell pdténtiais for the different concentrations of amalgams used. This
corrected function, Eoﬁ, is ?lotted'versus m invFigures‘T, 8.and 9 cor-
respénding to the measurements at 25°C, 30°C and 35°C, respectively.
The solid line in eéch figure is that deterhined by'a least squares analy-
sis of the data in the region in which E°" is a linear function of m.

The data of Richards and Daniels,68 were used to correct foridifferenceé
iﬁ'amalgam concentration. fn interpolating to determine the function &
for these thallium amaléams, the ﬁethod of Lewis and Bénda1153 has been
followed. Tables 4, 5 and 6 summarize thé results of the calculations
for temperatures of‘20°; 3Q° and 40°C, respectively. The difference in
the function & fdr an arbitrary.concentration and that of the reféfence
coﬁcentfation has been used to célculate E°". Th¢ absolute value of & i
is of no:importance, éﬁly differenées have been used heré. If the difference

e, - (@

ref

. . ' _ ) ‘ 1
was negative, this difference has been subtracted from EC' to obtain EO',
whereas the difference has been added to E°' if the difference was positive.

Values of (E)x - (S)ref.at 25° and 35°C were found by interpolation of
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'mole fraction T1%

9.67 pYe 10-3
9.32" x 1073

1.035 x 107°

9.7L x 1073

1
Relative Potentials of Thallium Amalgams

Amalgam

mole fraction T1%

9.67 x 1073

9.32 x 1073
1.035 x 10”

9.71 x 10~3 :

1

Relative Potentials of Thallium Amalgams

2

mole fraction T12

9.67 x 10~
9.32 x 1073

3

1.035 x 10”
1 9.71 x 1073

J: .

2

a

o Absolute volts.

T

Table 4.

Amalggm '

/o ow e

‘;Iable 5.

Fooow e

Table 6.

Amalgam

1

L SR

Calculated using molecular weighté based on C

12

‘Relative Potentials of Thallium Amalgams at 20°C.

ep
0

© -0.00107"
- 40.00193"

+0.00012

. +0.14690

at 30°C.
_ &
0

- =0.00107

+0.00199
+0.00012
+0.15091

at Lo°c.

eb

0
-0.00111
+0.00203
+0.000lé

| +0.15483

12.000.
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these Qudntitjeé at the %éﬁpcraﬁurés tabulated;.

The results ofl+he data analy51s are given in Table 7 The uncer-
' talnty of £° and B are derlved from “the data analy51s.‘ The uncertainty |
-'Of £] is‘xelwfed to the unoertainty of the slcpc of the sttaighb 11nc and ‘
vlS given at the 9Sp confldence level. The uncertalnty in E° contalns a |
contribulion rzom the uncchalnLy of the slope and the unccrtaln*y.of the
extrapclation. These were assumed additive and were calculated at the 9‘“
‘confidence'leve;f Thiélis of.course the maximum uncertainty in E°. The

average deviation of points from the straight-line was 0.15 millivolts.

‘The method of analysis is given by Mickley, et al

Table 7

Standard Cell Potentlals at 25 9 30 and 35°C.

T(°k) - E° - _ By
298,15 - T 2.h212k + 0.000L5 0.325 # 0.0LO
303.15 2.41756 + 0.00072 . 0.298 # 0.052

308.15 2.41370 £ 0.00064 1 0.286 £ 0.0L45

From the standard cell potential and its variation with temperature,

o o .
one can calculate AG £S° and MM for the reaction

.

Ll(s) + TlCl(s) + 102. u13 moles Hg(£) + 12.799 moles Dvxso(z)

B solution in DMSO for 9.67 x 1073 mole fractlon\ .
= 101 <;h1ch (mY) >'+ T <’ " in Hg /° ()

- Within experimental error the temperature coefficient of the standard
cell potential is constant over the temperature range 25° to 35°C and.is'
— _ '3 ) [ .
S =& = - 0-T5k x 10 volts/°K.

The thermodynamic relations
' 26° = - nF E°
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s STy

. . o o
A = - gF [ﬁo - §§{> ] A
| | TSl

- were used to obtain the values of these thermodyndmic functions in Table 8;
In order to obtain AGO, 25° and AHo'forvthe reaction
Li(s) + TiC1(s) + 12.799 moles DMSO

- ‘ solution in DMSO such | | ‘ gy
Zricl <that (mr,) = 1 >+ TL(s) (k)

the data in Table 8 and the data in Tables 4,5 and 6 were. utilized.

s

((€)

The difference

‘(”S)amalgam 17 pure TL
was” then subtracted from E° to obtain AG° for reaction (2) and the tempera- .
ture.coefficient of E° yieldea £SO, Table 9 summarizes the results. -

of these calculations.

Table 8.

. Values of AGO, 4SO and MHO at
25°, 30° and 35°C for the Lithium Cell.

T(°K) £G°(kcal/mole)  £5°(cal/°K-mole) . AH®(keal/mole)

298.15  -55.8% | “17.4 -61.03

303.15 =55-T5 _ -17.1 - -61.02 .

308.15 -55.66 , _ -17.4 ' -61.02
Table 9.

26°, £3° ana AH° for Reaction (4).

T(°K) - &6%(kecal/mole)  £5°%(cal/°K-mole) A (keal/mole)
298.15 ~-52. 402 - -26.5 | ‘-60.31
303.15 -52.27L -26.5 - -60.31

. 308.15 -52.136 . -26.5. -60.31
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The aCtLVlty coefflvlents of llthlum chlorlde at 25 s 30 and 35 C
' wére calculated for the experlmental concentratlons by use of the experl—

' mental'cell pqtentials corrected for amalgam concentratlons, and the

- values of E° g1ven in Table T.I‘The §aiues at rounded conccﬁtrations

‘were obtained from a graphAof the calculated activity cOfoicients Qersus_
molality. The results are summarized;ﬁelow for concentratiﬁns of 0.12 -

- molal and lower.

Table lO.

' ActiV1ty Coefficients of Lithium Chlorlde at
. 25 » 30 and 35°C.

m - WM Y1350
3 | 25 307 ] 3%

0.005 - 0.152 ©0.160 0.165
0.010 0.220 ©0.230 0.230

0.015 - 0.270 L275 0.275
0.020 0.306 .310 .310

. 0.025 7 0.335 .339 - L340
0.030 0.360 | .36k | .365
0.035 - 0.383 .385 .392
0.040 0.hkok Jhos 41k
0.045 © 0.ke2 423 430
0.050 © 0.bko . - Wbbo il
0.060 0.1470 R L5
0.080 0.511 . 520 . 525
0.100 . | 0.548 .560 - .565
0.120 0.582 .52 .600
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'III{ Cell potentdal measuremeuts on‘calciuu-and magnesium-systemsi
The celi potentiais of‘ihe-calcium'and magnesium systems were erratic.
The cachum and magnesium electrodes were cleaned and treated in the same

way as the 1jthium electrodes to remove surface oxides, but ox1datlon was
observed to occur in the glove box. Several minor leaks in the glove box
were found and eliminated, but oxidation was still observed. In order to

verlfy that Odee formatlon wa.s respons1ble for the erratic behavior, cal-
cium amalgams were prepared and used in place of the pure calcium The amal-

pgam was dispensed into electrode cups similar to those used for the thallium

amalgam and oxide formation occurred before the'celldwas'assembled.' Several

'attempts were made to evacuate the glove box under espec1ally rigorous con-

ditions to prevent contamlnatlon. The rate of ox1de formatlon was decreased

and became visible only after the cell had been’ assembled for about one hour.
Since one hour was required for the electrodes to give approx1mately the

same potential versus the reference electrode, it was not possible to extra-

polate the readings to zero time. The cell potential, although unstable,

appearedbﬁo decrease with time as one would expect’since the concentration
‘of calcium ih the amalgam decreased as oxide was formed. Several cells

were so erratic that measurements could not be made. The cell potentials
tabulated below are for those cells in which measurements could be made. -
The symbol m is the molality of the electrolytic solution and E is'the

measured cell potential in absolute volts. The thermodynamic relation (see

Appendix III),

: o A l/
E = E° - 355 1 n(2)2/3's 2"'(3’“>1 5 (S?T)
1+(3m)
was used to estimate the standard electrode potentials of calcium and mag-

nesium versus the reference electrode (thallium amalgam l), and found to

be 1.69 volts and 0.92 volts, respectively. The potential of the calcium
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‘Table 11.

Cell Potential Measurements for the Calcium System at 25°C.

m 'Electrode [ E - Tl Amalgam

0.02384 , Ca 1.85 = 0.01
0.0288k Ca amalgam’ 1.540 £ 0.005
) 0.51 atom % ' :
0.05506 Ca amalgam - ~1.515 % 0.001 3
- 0.51 atom %

~ Table 12.

Cell Potential Measurements for the Magnesium System at °5°C.

m Electrode ~ E Tl Amalgam

0.03166: Mg | 1.08 # 0.0L 3

0.01157 Mg 1.09 * 0.01 3
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améigam vérsus pure calcium was eétimatéd by'uSé of the work-of'Drﬁcker, et §;<5
in which it was found that an amalgam of concentration 0.12649 atom beréent
was O.8h3zvolts positive with respect ﬁo puré calcium metal at lT°C;
From‘theifvresults oh the relative potentlals of calciumlamaléams; it Qas
‘estimated fhat both the émalgams used here were 0.04 volts negative with
respect tq the amalgam :of 0.12649 atém peréent. _ Tt was not possible' to
estimate the temperature coefficient of the potential from their wofk,
so the above values were used also at 25°C. . The stanéard cell potehﬁial
of calcium versus the reference électrode'(thallium amalgam 1) ﬁas.again
calculated fof both.electrolyte concenﬁrétions.

Ih view of the limitea éccufaéy with which the goncentration of
célcium was known, and aue to the somewhat crude extfapolation procedures

described above, the confidence limit of #0.0l1 volts is placed on the

" standard cell potential obtained, Ega = 2,17 volts.
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Discussion of Results T

P

I. Referenée electrode

On the basis Qf‘the observatibns on the reference electrode behavior,
the thallium amélgam-thailous chloride electrode appears to 58 suitable
'for thermodynamic measurements in dimg@hyl sulfoxide solutions. It becéme
~apparent early in these investigations that the solubility of thallous
chlorideiin dimethyl sulfoxide would te of great'importance.in evaluating
the behavior of the re%grence electrode. The solubility product at 25°C

'waS'found to be in the order of 10_6*. The measurements on the lithium

ceil indicate that the reference electrode hehaves satisfactorily in con-
éentrated solutions, buﬁ the solubility of fhallous chloridé préhibits its
use in very\dilute SOIutiogs. .The eaée w?fh which it may be prepared

] and the reproducibility in behavior suggest ﬁhat it may be gsed as a refer-

ence electrode.

II. Lithium system

The lithium cells wére foﬁnd to be well behaved for concentrated
solutions of lithium chloride. As the cbhcenﬁration was decreased, the
function E°" became a linear function of molality, at all three temperatures
as seen in Figures 1, 2 and 3. Therefore, the sharp decrease of E°" as |
dilutién increased was quite unexpected. This behavior cannot be explained
by random scétter of data; the deqrease pgrsisfs at all tﬁree temperatures
as the concenfratibn decreases. When the first data were taken in the
most dilute range, this pheﬁomenon was thought to be caused by errors in

preparing the solutions. Therefore, new solutions in the concentration

Following'the completion of this investigation, Butler, et glll have
reported a solubility product of 5 x 1071 at 25°C.
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mnge below 0.01 rﬁblal were preparéd vbovt'h by dilt.lt'iont a>nd- by diréctly
weighing out thé E@%ﬁ and éolvent.. The trend.bf E°" to dééréase;pfoved
to be i%dependent'ﬁf_the method of preparing the solutioné;

Thé possibility that the aho@aious behavior_might be caused by a
reaction taking place in the cell was éliminated-since the cell ﬁotehtial '
waé constant within 0.1 millivolt fof at least six hours. This is shown
by the data taken during the feﬁperature cycle. The cell was first bfought
to 25°C; the,céli poteﬁfial measurea within thirty.minutes énd also after
aﬁother hour was found to ée the same withih 0.1 millivolt. The cell waé
then equilibrated at 30° and at 25° and finallyequilib?ated again at 25°C.
The cell potential at 25°C was found to bé the same within b.l millivolt
as that measured before the temperature cycle. After a pericd of twelve
hours the cell potential‘was found to be lower by a few tenths of a milli- -

12
volt. This was probably due to the reaction

T1Cl(solution) + Li(s) = T1(s) + LiCl(solution)
which would be expected to cccur when thallous chloride reaches the lithium

electrode.

The observed behavior of Eo" was found finally to be attributable to

diffusion of thailous chloride away from the reference electrode. This'
would be expected to be of appreciable effect only in dilutelsblutions
where the concentrations of the twé'electrolytes are aSQut equal. Further
discussion.of‘this conclusion is to be found in Appendix L) |

fter this‘research was begun, two papers have appeared in the litera-
ture reporting cryoscopic measurements on lithium chloride solutions in
dimethyl sulfoxide. Unfortunately only qualitative cémpariéons could be

5

mede between the present data and those of Skerlak, et a2l 7, since their
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-solutions, whereas J

- b1 -
data are reported only in the form of a‘graph with-no'grid. However,

one can say thati the activity coefficient in uhe 0.3- O 8 molal concen-,

tration range calculated from uhe CELl potentlal data is def1n1tely lower

than that reported by knrin&, et al alTS | chrcbtably thc paper of Dunnﬁtt

does not report the actual freeblng p01nt data. They chose

i

: 2L
and Gasser
rather to report values of the function J whieh is defined.by

)
J—'l_.v)\_m

for‘smail freezing point depressions. Here, © freezing'point depressibn

| | A= melal freeziné‘point de-
‘preseion eonstant

m = molal1ty

v = umber of spec1es resultlng

from a molecule of solute.

Thus one must introduce the value of the freezing'point\depression,con-

stant in.ofder to make the calculaﬁion. The authors do not report the

value for their calculation, but reject the value (3.96) proposed Dy

' Skerlak, EE al, since the values of j would then become negative in dilute

ﬁ should approach zero. The only reference given by

Dunnett and Gasser llstlng a cryoscopic constant is that by Lindberg,
Kenttimaa and Nissemashai These workers report the constanu to be L. 36,

a value not supported by ﬁpeir data. -Their measurements were made on 5
solutions more cheentrated than 0.8 molal and yield a value ef 3§77;for
the'cryoscopie constant. Further agalysis must be delayed uhtil the actual
freezing pqint data:obtained by Dunnett et al become - available. It wes

found in-the present work that the freezing.peint of the pure solvent is

18.58°C, a value significantly higher than that reported by Dunnett and
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Gasser, viz. 18.55, for the solvent sample they used.
3 : s 1

III. - Calcium and magnesium systems
The standard cell potentials for calcium and magnesium were estimated

for purposes of comparison with the lithium cell potentials.  The results

of measurements with the pure metals seem to be much too low. The results
of the measurements with the calcium amalgams are more regsonable. It

is seen that th e ox1dat10n potential of calcium is lower with respeCu to

lithium than in aqueous solutions.

IV. Free energy, enthalpy and entropy of transfer of lithium chloride

from water to dimethyl sulfoxide

Turning now to the d1scuss;on of the influence of the solvent on the
thermodynamic properties of electrolytes in solutlon,_tne free energies,
eﬁthalpies and entropies of transfer of lithium chloride from water to
dimethyl sulfoxide will be calcﬁlated. The free energy of transfer of a:

salt is defined here as AG for the process

Salt (solution in solvent 1) — Salt (solution in solvent 2).
To be more specific, the transfer of one mole of lithium chloride from

water to dimethyl sulfoxide, at constant temperature and pressure
LiCl (solution in HQO) + x moles DMSO
- LiCl (solution in DMSO) + j moles E,0 ,

has associated with it a partial molal free energy change, £G, which
“includes a contribution from the difference in reference state in the two

solvents but is also a function of concentration. If the transfer is from

the hypothetical one molai_standard state in one solvent tolthe analogous

state in £he other solvent, then by definition the free energy change at
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constant temperature and pressure is 1ndeD°ndent of corcentratlon.
The pqrilal molal free encrgy of transfer is determined dnrectly

from measurements of the electrical potential of cells, such as have been

used in the present work, in different solvents. The standard free energy

‘change for the cell -

)

Pt (s)/11(s)/LiCl(solution)/T1C1(s)/T1(s )/Pt ()
in which the solvent is,watef,vmay be calculated froh the thermodynamic

* . L 53
data tabulated in Lewis, et al””. The value of AG298 15 for the cell

reéction was calculated to be —57.374kCa1/mole. From the data in Table 9

 of the preceding section and with the above data, one calculates the par-

tial molal free energy of transfer for the reaction

.+, (solution in HpO im0 e '
LiCl <;uch Ehat mYL o l> = ;2f79/ moles DMSO

- TiCl <eolutlon in DMSO

such that4mYLiCl=l> +_55.55 moles HQO

to be

A6898.15: AG898.15(DMSO) - 298 15(H20) = + %-93 kcal/mole.

The entropy of transfer, except for a small cgrrectioh, can be calculated
by an anelogous method yielding

s o ] o
A5298 15 A5298 15(DVISO) 298 lS(HQO) = - 25el.cal/ K mole.

The difference in specific volume of tne two solvents 1eads to a correc-

tion in the entropy of transfer (see Latimer and Slans&y ) of the form

R (v

meso) - B (o) -

The. specific volume of HéO at 25° 530 1.0019 cm3/gm. From the density

data in Appendik 17, the'epecific volume of dimethyl sulfoxide 1is
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0.9127 cm3/gm. This leads to a correction of -0.22 eu which must be added
to the above value; t6 Jweld

-;25.3;031 °K-mole.

V. Comparison of tﬁe,free energies.and entropies of transfer of LiCl

from water to dlfferent zolvents

The 1mporuance of the data on cne lithiunm system. is tWOLOld. (1) the
data are accurate enough enat one ma} confldenuly make comparlson ﬁo the
analooous agueous system, and (2) the svstem may be comparca'co the onulo-
‘gous system in other nonaqueous solvents. The uhermodynamlc quantltles
chosen to compare the eystems.afevagain the free energy and entropy of
transfer of lithium chiofide fjoﬁ,the stendard state in uater to the stan-
dard state in\anoﬁher solvent. 'Onelmethod of calcuiating these quantifies
" is sihilar to that done above.for tranefer of lithium chloride from water

to dlmethyl sulfOX1de.- An equlvalenu metnod is to utlllze ta vlations

A .
of the thermal properties of solutlons such as those by Latlmer  and

hLewisigﬁ ngB for aqueous solutions and that of Jolly“T for solutions -in
ammouia.' The specificfreferencesutilized.for %he calculgtions are listed
:belowi | |
(1) Water. Thelextensive tabulations of LatimerhT and Lewis et §;53'

were ueed.. The latter was favored, since more recent thermo-
dynamic data are given; The sﬁecific volume of water was taken
from the tabulation of Hamer30; and is 1.0019 at725°C.

(2) Ammonia. The tabulation of Joily3T was used exclusively. Changes

were introduced where more recent thermodynamic data were avail-

able for heats and free energies of formation of the alkali
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halides. The spééifié.§olumé 6f‘liquid'amhonia at 25°C is
1.666735. | | |
(3). Methanol. Strehlow76 has‘reQiewed tﬁe availabié‘cell data on
méthanol., Heats of ﬂolutionfwéfe taken from Askew et glu, and
Drakin and'Yu—min23.' The heétsiofzsolution meésured by Askew
and:coworkeré-were moke at 20°C, and 1t was assuméd that the heat
of solution was the same'at'25°c, The potential of ﬁhe cell
' HQ/HCl/AgCl/Ag in methanol wa% taken from biwa6LL and Koskikallio
The péteﬁtial of the cell Hy/HBr/Aghr/Ag in methanol was taken
from Kanning and Campbell38.v The paper of Latimer and Slanskyh9
- contains éata fof free ene;gies, entropies and enthalpies of
solution of'éélﬁs.in meﬁhanolol The'specific volume of methanol
is 1.2626 at 25°c._‘: |
Kk) Ethanol. Celi péténtial datamﬁére takeﬁ_from SﬁrehlowTé. 'Heats
of'solutioﬁ were.taken'ffom Aéke&,lgg,glu,-”The,speéific volume
is 1.2738 at 25°C. - |
(5)..Thermodynamié déta for the alkali halidés were taken from
Latimerhv, Lewis et §;53,;and Brewer énd Brackettg.'

Analogous calculations were made for other salts and the results of

all these calculations arevpreSentea in Figure k.

. There are.additional data on N-méthylformamide from Luksha and Crissss.
The calculations for this system are presented in Table 13, and will be
discussed shortly. Tebulations of thermodynamic data for N,N-dimethyl-

. . . 5 : . o1 .
formamide: and for formamide have been estimated by Criss 9. This latter

~ data has not been included in the present calculations since direct ex-

perimental data have been preferred. -

ks
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Tablevl3.-

Frce Energy and Enbropy of Transfer of
Salts from Water to N-metnyl;ormgmlde.

iSalt —ﬁ@trans(kcgl/mole ‘ Agzra (cal/mole “°K)
1icl 1.3% - 25.3
NaCl 2.98 . 17.3
XC1 © 2.90 . 226
CsCL 3.8 - 23.7

, Ffom Figure 10, there is appafently a correlation between the free
energy of transfer and the enﬁropy of trénsfer of a salt from HQO to a
nonaqoeous solvent. The sélts-foriwhich the best data are available are

closest to the llne. The line has been drawn in arbitrafily and is not

intended to have any quant1tat1ve 51gn1f1cance. ‘It is no\ed that the data

“for solVents with lower alelectrlc constants tend to 11e hlgher along the
iine. TFor a common. solvent, there appear to be trends among the salts
which'depend on the size of the ions. If these results are not artifacts, .
.one may prédict that the freé energy,andjentropy of transfer.w1ll have the
same dependence on the physical properties which:characterize the ion-
solvent intefactions. t seems that the dielectric propefties of the sol-
vents are responsible for most'of'the changes in free énergy and entropy
from soivent to solveht. Also, the differences of ion size cause smaller
changes in entrooy and free energy. |

The data from mable 13 are of interest becouse the solvent has a
hlgher dmelnctrlc COﬂSuano (lTl) than that of water. From the dielectric
properties of N methylformamide one would expect that AG rans would be
negative, and the entropy would probably be p051t1ve. However; from the

data it is seen that the solvent behaves as if it had a low dielectric

-
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'conétang. - There afe three possible explanations for ﬁhis:

v(l)t the sélvent has a lpwef dielectric constaﬁt'than.that reﬁorted;'

'(25 it is not éppropriaﬁe;to'use the dielectric pfopertieé to pre-

.dict the tfeﬁds-in thc.ffge energy and entropy Sf trangfer; or

(3) the data are ;§Urious (see Appendix IV).

There are two ways of éfoceedgng from hére. One is to go immediately
' £6 model calculations to éxplain the experimental data, a@d the other.is
to identify imporﬁant physicéi propertiés in order to make a more general
' treatmént pos%ible.l

There are two mpdeis which are most often used iﬁ estimating the magni-
tude of-ion-solfent infergctions.‘ One 1is the modified Born modei and the
other is é model in_which seyérai diffefent ion-sélvent interactibns are
proposed to’acéounﬁlfdr_thé-b;hé%iér; Tn thé Born model, the free energy

of solvation of a salt is given by'
: 2. . zZ z
: 1, e N i 3y
T - — - 4+ > .
4G (l D)‘8ﬂ86‘<‘r;' r.>

in which the dielectric constant of‘thé'solyent, D, the charge of the

ions, z, and z,, and the radius of the ions_,-ri and,rj, are the physical
properties which characterize the interactions. - The solvation entropy is

then determined from the temperature derivative of the free energy. It

is knpwn that one mey not use the crystallographic radius of an ion for

the ri's, for this leads to values of the solvation'energy énd'entropy
which are too large.  The radii of the ions are often treated instead as
parameters by which the data may be correla%ed. ztimer, Pitzer and

Slansky =~ adopted this procedure for aqueous data and Koepp, Wendt and

Strehlow39 have applied the method to nonagueous systems. Actually, this

' »
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model does.predicﬁ the ge;eral tfends in the therﬁod&nemic properties
which are cbserved.in Figure 10, but may not be used quaﬁtitatively
excepﬁ és a correlé%&on functioh; " One concludes that the model is guali-
tatively consistoot witﬁ the deta;fbut identifies no pﬁysical pfoéerticu
which quantitatively oha}actefize the intefactions. |

The other model is one in which it is proposed that the ions- 1nter-
act with distant solvent molecules‘acCording_uo.the Born model. Adgacent
solvent molecules. are then tfeated as fuliy oriented diﬁoles &hich inter-
act with a_lowerAenergy than if they were free‘to rotefe. One of the
variations of this treatment is to use the dielectric constant as an
adjustable parameter which increases wifh radiel distance feom the ion to

‘ _ ‘ _ y . _

the bulk dielectriciconStant. :Another variation is to use:the charge
distribution in,the_oriented:dipoles to calculate ﬁhe interection.of
these mOlecules.with the ions. Of course, it'is first necessary to de-~
term1n° the charge dlstrlbutlon of the pOlar solvent molecules. . This is
the most dlfflcult and pos51bly the most uncertain part of the method..
It would require accurate volues of the dlpole moment of the solvent mole-
.ycules in the liquid plus a knowledge of the structure of the molecule' |
‘before a charge distribution'coﬁld be assigned.' | |

.The method whicﬁvseemsvmost appropriatebfof utilizing fhe data in
the seVefal systeme is a correspending statee'treétment, By this treatment
one cao‘identify the molecular pafemeters which are-necessafy to charac- :
terize the various interactions; and their relati?e importance, without -
propesing a particular model of‘the salt in the solutioﬁ. It isvclear
‘that sich an analysis 1is needed; because‘on one hand there are such a

~variety of solvents and salts to be treated and on the other hand because
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the:e are so few rellable data avalluble on nonagueous systems. ‘To account
for specific interactions, model calculat1ons would be necessary Wthh be-
come possible as accurate physical properties become available for tne

solﬁtcs and the solvents.

Despite these advantages, a corresponding states treatment must avait

accurate data on a Lew more systems. It would be premature to-conduct
such an analysis now, espeC]alLy in view of the uncerta1n behavior OL

solutions in solvents whose dielectric constant is greater than that of
water. |
Ve Summafy;
In summary, accurate thermodynamlc properties of lithium chlorloe in
dlmethyl sulfoxide have been determlned with the cell |
Pt(s)/Ll(s)/LlCl(solutlon)/TlCl( )/Tl(P )(z)/Pt(

The standarad cell Dotentcals‘and activity coefficients of the llthlum

system were oetermlned'at 25 s 30° 'and‘35°C. The reference electrode

- performed well, for solutions more coccenﬁrated than approximately 0.01
molal. In hore dilute solutions, the solubility of ﬁhalloUs‘chloride had
‘an appreciable effect on the cell potential. A“géherallméthod is outlined
in Appendix III for the analysis‘of the behavior of cells,involying
reference electrodes of the second kind aad'the way in which diffusion
affects their performance. In Appendix IV the results of this development
are applied to the specific cell type given above. The staadard cell
potential ofvthe ahalogous calcium system at 25°C has been estimated.

The entropy and free energy of transfer of lithium chloride from

water to dimethyl sulfoxide were calculated and compared to analogous

results for other solvents, and for other salts. These thermodynamic
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- functions were found to depend on the dielectric properties'of'the sol-
L ' vents, and to a smaller degree on the size of the ions comprising the

"salts.
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Appéndix_I.
Physical ConStants:

All m:b:ﬁ{é weiphta were based oh_ C‘lg = 12,000, .

It

1.987 cal/°K-mole
% hST . coulomb
2

g~equivalent

'R (gas constant)

¥ (Faraday's constant)
"N (Avogadro's constant) = 6.023 x 1023/mole .
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Appendix II-

thyl sulfoxide has a liquid range (m.p. 18.5°C,_b,p.v189°0) which

 makes 1u a convcn1cnh golvenb w1th wh1ch to work, at ‘'or above room tem—_

\
" peraturc. his, coupled with its known solvating power toward organlc as
. J

'well as inorganic materials, suggests that.it may be used in cases which

necegssitate the exclusion of water. -

-

Preparation of dimethyl sulfoxide

DOuglasgoin 1946 reported a method of preparat1on of dlmethyl sul-
foxide (onO) using dimethyl sulfide (DMS) as the starting material and

" oxidizing 1t with H202 in glac1a1 acetic acid.

HOAc
(CH ) S + -2 2(3o,c)<,r___ (CH ) SO + hEO .

The SulfOX1de was then ext acted from the reactlon mixture with CHCl3.

..

‘The productlon of HQO is und651rable, for water is completely miscible

with BMSO and there is evidence for hydrogen bondlng between the two when
o Lo, b1 o S ~ _

they are mixed ,’%ndicating their separation will be difficult. Addison

and Sheldon2 succeeded in ox1d1z1ng DMS with nltrogen tetroxide at low

temperatures, The sulfoxide was then 1solated by fractlonal dlstlllatlon.

The reactioo.is
| 2(CH ) S+ N Oh-+-2(CH )80 + 2N0.
This method appears to be more satlsfacbory than that proposed oy Douglas
‘because water is not produced by the reaction. Also, since the reactaan
& be obtalned in an anhydrous condltlon, water may enter as a contami-
nant only as the result of handling technlque.’ It is also more satisfactory
because.the oxidation stops afier the produotion of the sulfoxide. The

ox1oatlon by wnabeveL means may go as follows

(CH ) S —>(CH ) S0 -»(cp )2502 (dlmELhyl sulfone)



The sulfone must then be removed and this problem will be diséussed‘laﬁer.
‘Other methods of preparation such as gas phase dxidétion of fﬁe sul~ 
fiae are used commercially. In most cases, the amount of iméurities is
keph low (~ 1-2%), but ha;dly iow enough 5o that Onevmay safély rcp§r£ the
physical and cﬁemical propertiés of the commercial prddﬁct to be that of

the pure solvent. _ s

Metheods of purification of DMSO
The primdry impurities in thé commercially available dimethyl sul-
foxide are dimethyl sulfide, dimethyl sulfone and wéter. 'Fractional crys-
) talliiation and fraction distillatioh are the most éommonly usedvmethpds
of removing these contaminants. , ' - | . .
Douglasgoreported‘that his product»crystalliied.at‘18L5°C. Scﬁlafer |
: and SchaffernichtT;repérf that their samples which had been purified 2y
fractional vacuum distillation melted at 18. 55 £ 0.02°C. 1In this labora- |
tofy, the freezing point of the purified solveﬁt wés found tofbe 18.58 x
o.01°C. | |
Douglasgland Schléfér and SchaffernichtTlhave.reported.the vapor
pressﬁre of DMSO over a wide temberaturg range. Schlafer and SchafférnichtTl
found that DMSO decomposed'somewhat when an attempt was made to distill
the material under one atmosphere pressure (189°C),vbut found also that
the amount of decomposition apparently decreased with samples of high
purity. They suggested that the distillation be carriéd out under reduced
pressure. The vépor pressure of DMSO renders the temperature. range 30 -
90°C as convenient for fractional vacuum diétillatioﬁ. The vapor pressure
a§ the two temperatures are 0.835 mm Hg'and 22.0 mm Hg, respectively,as
reported by SchlZfer and Schafferniéh*?l One can seevffom the table of

melting and boiling points given below that it should be possible to obtain



a good separation of DMSO from the major contaminants.

Table I. \

Melting Point and Boiling Point of DM50, DMS, DM50, and HAO
N < (S

Compound m-p._{°C) v.p. (°C)

DMSO 18.58  [+] 189.0  [71]
DMS o -83  [34] 37.5-38 [34]
DMSO,, o 110-110.5(10] 238 [34]
H,0 0 [35] -100 [35]

The tests for purity have been restricted mainly to: (i) freezing

point determination; (2) Karl Fischer titration for water; and, (3) con-

: L. o e . s . T £ I
~ Guctivity measurements. 8chlafer: and Schaffermcm;'7 obtained a product

which contained less than Lt parts per million HQO as determined by Karl
R P L : L

- Fischer titration. Schlafer - and Schaffernichgl, Koltoff and Reddy3,

and Sears and coworker573 used the electrical conductivity of the puri-

. - . : L .
~ fied material as a test for purity. Schlafer and Schaffernicht regarded

as "pure" a product with & specific conductivity of 3 x 10 'dhm-lém-l
or less at 20°C. The other workers assumed the product to be pure wnen

8

the épecific conductivity was 2 x lOé ohm—lcm—l or less. However,

Schlafer and Schaffernicht stated that the specific conductivity of the
materiél increased by as much as ten-fold upon‘allowing it to remain in
the conductivity cell for a short ?eriod of time, apparently due to
a reaction of the solvent with the glass of the conductivity cell. 1In
any case, it appears that gonductivity as é.test for puriﬁy should bé used
with caution until the variation of conductivity with time has been
explained.

Kolthéff‘and Redéyh3 mentioned that they were unable to remove acidic

and basic impurities from the material which they used for their investigations,
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but did nob elaborate on the possible identity of these impurities. In
any case it appears that more careful work should be conducted to identify

the impurities in DMSO and the best means for their removal.

Bonding and configuration in DMSO\-

‘The bonding in the DMSO molecule is something of an enigma. Baétiansen

and Viervoll8 used electron diffraction to obtain thé'Strﬁctural para-

meters of the molecule. Their results are given below along with data for
dimethyl sulfide, dimethyl sulfone and sulfur dioxide.
, _ Table II.
Bond Lengths and Bond Angles in DMSO and Related Compounds

Compound ° £(CsH). - £(C-S)  £(5-0) . <C-5-C <C-5-0  <0-5-0

‘ __(A) ) (A - :

ovs  [13] 1.091 - 1.802 985!

pMso [12] 1.08 1.82 1.k7  100° O 107°

DMSO, [14] 1.08 1.90 © 1.hk 0 115° 105° 125°

so, [151 . 1.k32 S 119.5k°

Bastiansen and Vieroll%attributed the pyramidal structure (with sulfur at

the.apex) of DMSO to be due to p3 electron configuration of the sulfur giving

_trigonal_?yramidal bond symmetry.

Abrahamsl ~discussed fhe sferéochgmiétry of thg suifur subgraip (VIB)
of the periodic table. He assﬁmed theVS-O doublé bond length to be‘l.§3 A
which is the S5-0 bond length in _SO2 énd SO3. This.would indicgte thgt the
- 5-0 bond is less than order two in DMSO. “ .

Moffitt6l'used a molecular orbital treatment of the S-0 bond to

conclude that the bond order was between one and two for sulfoxides.
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Gillespie and‘Robinsonel reviewed the data on bond lengths and
stretching frequencies for SO bonds, and found a correlation between the

bond length of an S0 bond and its stretching frequency. AFurther, a linear

"relationship was found between the logarithm of the. force constant and

the logarithm of the bond length for these bonds.. In order to determine

* the relationship between bond lengths and bond orders, it was assumed that

the SO bond lengths in SOF, (1.uosﬁ),'SOF2 (1.412R) and 5,0, (1.40A) are

" characteristic of double bonds. The stretching force constants of these

compounds were also assumed to be characteristic of SO double bonds. The
bond length of an SO single bond (1.70A) was calculated then from Pauling's

covalent radii and the force constant,of a single bond was determined by

an extrapolation of theplot of logarithm of force constant versus logarthim

of bOnd'length.l A'linear relationship was found between the force con-
stant and bond order ana a'nénlinear relationship between the fond length
and bohd ofdeffl The bond order of the SO.bond in dimethyl sulfoxide was
found to be 1.56. o

Cétton and Francisl6’%gvestigated the infra-red spectra of complexes
éf DMSO with transition metal cations. By analyzing the S-0 stretching

frequency for these compounds it was concluded that the S5-0 bond in DMSO

‘was between order one and two. They proposed that an 5-0.bond is a

sigma bord overlaid by "back—bonding" from the oxygen to sulfur due to the

" overlap of filled prr oxygen orbitals with empty'dﬁ sulfur orbitals. By

assuming such a picture they were able to explain gquite satisfactorily
the bonding in the coordination complexes they studied. These results

will be discussed in greater detail later.

Schlafer and_SchaffernichtTlcompared the DMSO molecule to the acetone

molecule. They argued that by first making the arrangement of atoms in

-
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DMSO planar, as‘in acetone, and then 1ntroauc1nciuhe extra pair of non-
bonding electrons_oﬁ the sulfur, the repulsion between the lone pair and
bonding pairs wculd produce the observed pyramidai etfucture. There
would almost Be a tetrahedral distribution of "ligands" arOuﬁd the sulfur
with the fouf groups being 2.carbons,'l ox&gen and 1 lone pairvof electrohs.
The polarity of the S-O bond might be expected to influence the Bonding
pronerules of the molecule coward other molecules or ions. Cottoh and
Francis %gteTMIHGd the dlpole moment of dlmetnyl sulfoxide to be 3 9

"Debye. If one assures the moment to be conceptraued in the 5-0 bond, a

charge of 57 = 0.55e is calculated to reside on the oxygen. In water

the charge on the oxygen may be calculated to be 8~ = 0.66e". Nuclear

Amaggetic resonance studies' have found the O‘A_peak te be.shifted tc lower
field kloﬁer than ééo) in DMSO. This supports the results of the above
calculation by confirming fhat there-is a  lower electronvdensity around

the oxygen of DMSO. Also, there is probably a-contribution to the dipole
moment from the reet of the-melecule,‘for the aipolevmoment'of DMS was
found to be 1.5D from its microweee sPectfumin. There would result a
decrease in d~ on tﬁe oxygen as the contribufion teAthe dipole moment from
the rest of the moleculetincfeases. _The result of the calculation leads

_one to predict a lower iigand field strength for the DMSO molecule, relative

to HQO, and it will be shown later that such is the case.

Phnysical properties of dimethyl sulfoxide

Scme of the more_important~physical properties ere tabulated below:

35

*
Calculated from the dipole moment of water, 1.87D.
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Table III.

Physical Properties of DMSO

" Ref.

molecular weight 78.13
m.p. : - - 18.58°C , _
b.p- C 189.0 °C D {71]
viscosity | 20°C 2.47 cp L71]
' 25°C 2.00 cp {50]
25°C . 1.99 cp ' (18]
25°C 1.96 cp . (73]
" gurface tension =~ 20°C - L6.2 dyne em™t (721
dielectric constant 20°C 8.9 - . (71]
. density . . 20°C. 1.100 g/cc 1l
25°C 1.0956 g/cc - [s0, 8]
heat of vapori- o , . : A
zation  (25°C) 12.6L kcal/mole o [ead
heat of fusion - : 3.18 keal/mole , {751 -
cryoscopic constant 3. 96/mole/WOOO g DMSC (75]
vapor pressure (25°C) | O 600 mm hg : - [21]
Trouton's constant 25.8
dipole moment 3.9D S [16]

The value of the freezing péint of the solvent was determined in the
course of this work. The molal freezing ﬁoint depression constant has
been discussed in a previous section (Discussion of Results). Trouton's
constant.was calculateq from the_heaﬁ of vaporization at thevboiling point
as. determined ffom the slope of the curve of the logarithm of the vapor
pressure versus'the reciprocal of temperature. The»vélue of Trouton's
coﬁstan reported in the literature (29. 5) would require a hear 6; vapori-
zation which is higher at the voiling point than at room tenpefabule.

Barrow and PitierT have describved a method for'calculating the thermo-

dynramic properties of dimethyl sulfoxide. Mackle and O'Hare5 nave tabulated
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(ano)/T, -(Go_H;)/T,‘(H°_HO), sf,'c;, -AG; and iOglsK; étvva?ious tem-
peratures for DMSQ (gas)‘ They ?alculaﬁed these quantiﬂies from the
best modérn'spectroscopic and calorimetfic data. Wﬁere a'cémparison may
be made beéwéen the two réﬁorgs,Lthe agreement 1s guite goodﬁ

The dieleéfric constant of the solvent is somewhat unéertain. An
' e of 48.0 at 25°C is calculated'from the data of Schlafer

el ko

interpciated valu
and Schaffernicht. Hovermale and Sears™ report 46,7 and Kerttamaa et al
measured L6.4. The respective measurements were at 100 kilocycles, 10
megacycles and 2.47 megacycles. This apparent. frequency dependence leads one
to adopt 48.0 as the static dielectric constant at 25°C. ‘This uncertainty
in the dielectric constant is quite important in the calculations of the
sﬁandard cell potentials and activity coefficients from the cell data.

To be specific, the value of «, the Debye-Hickel constant, depends on the -

static dielectric constant as seen in the definition

)

a =
Here, . . N = Avogédro's nunber

p = density of solvenf at temperature, T

? =Athe charge of a proton _ !

k- = Boltzmann's constagt o

€b= permittivity of empty spac;

D = static dieleétric constant.

Listed in Table IV are the values of a for dimethyl sulfoxide at the
temperatures indicated. The wvalues of the dielectric constant are taken

af - . s . J.Tl N . - £ 2 ray

from Schlafer and Schaffernicht and the density data are from Schlafer-

. ) o 1 -
and Schaffernicht71 and Cowie and Topcrowski . Also tabulated are the

- . 2RT . . . i .
values of 7 used in the calculations of thermodynamic properties from
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the cell data. The values of R and F are taken from Hamer> . .

,_ Table IV. ' i
Debye-Hickel Constant for Dimethyl Sulfoxide.
- T(°K) N . 2;2
o . _." D
298.15 2.57 . 5.138 x 10
303.15 o 2.57 . s.eek x 1072
308.15 - 2.59 . 5.310 x 107

Further discussion of the physical properties is available in the

: literature;Tl

1

-

Sblvent éroperties of DMSO -

Dimefﬁyl'sulfoxide is a gbod solven£ for‘many organiC'éﬁéﬂinor-
ganic materiéls. | Its dipolér charactef helps'to make it a good nucleo-
philié agent and a’ good solvent-to staEilize‘charged species.’

The reactions which occur in the solvent will be discussed in the
following groups: (A) Solubility ofvinorganic cbmpoundé; (B) Solvation
proﬁerﬁies toward inorganic compounds; (C) Acid-base behavior; (D) Oxida-
tion-reduction reactions.

A. Solubility studies

Kenttémaahl' has reéorted the solubiiity of various alkali metal
~ salts in DMSO. .Melendressgfms determined the soluﬁility of the chlorides
of the élkali‘metalé, élkéline earth metals, sevefal transition metals
and‘other‘divalént and trivalent metal ibns. In addition, Melendres deter-

mined the solubility of a few nitrates, perchlorates and bromides. The



general trcnds
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which may be recognized are:
The fluorides, sulfates and carbonates were found to be

sparingly soluble.

‘The solubility of the chlorides and bromides of the alkali

metal ions decreese from lithium to-potessium\and increase
again to rubidium chlovide a.z.qdv cesium chloride.

For a common cation the solubility increases with an increase
in the>size of an aﬁ}on;Lwith-the'nitrates, perchlorates anq

jodides the mosﬁ soluble.

. The divalent and trivalent chlorides form solvates. The

solvaﬁe of calcium chloride has the highest solubility of -
the alkaline earth chlorldes, W1th the solubility decrea51n0\
as one progresses both to lighter and heavier members of

the group. .

lne alkali meual halides are generally more soluble: than

the alkallne earth halides and the Group III trlvaler“metal

. halides.

B. Solvation properfies toward inorganic compounds

- The comparison of the dielectric constants of dimethyl sulfoxide

- and water leadsone to predict that solvatlon energles 1n dlne thyl sul oxide

will be smaller than in water. This rather general conclusion is supported

by the conductivity, spectral and solubility studies which have been carried

out in the solvent.

Conductivity studies: Sears and coworkersT3'have reported the

results of their conductivity studies in DMSO. They found that for the.

solutions studied,

The limiting equivalent conductance

the salts were completely disscciated below :2 x 10-3N.

for each ion listed below was calculated



by assuming the applicability.bf Kohlrausch's law of independént ionic
) . ] i ‘ . + » . N " .
migration. Another assumption was that Ab for the n-octadecyltrimethyl-
--ammoniuﬁ ion is éq&al to A; for the n-octadecylsulfate ion énd that both
% el 2 el RS ‘
.are equal to 10.0 ohm “cm equiv in DMSO. By assuming that Abn (Vialden
‘product) for the tetra-n-butylsmmonium ion is a constant in various sol-
vents and is egqual to 0.208 = 0.009 Ohmvlcm equiv * poise, the individual

jonic conductances were recalculated. The difference between the two

caleulations was found to be 2-5% in each case.

Table V.

Limiting Equivalent Conductance‘in‘DMSO;at,25°C.
(A opmva = AT ODS)
o "o

CatiOn:: N Anion A
K ook - sonT . 29.2
Ve Ph N 11 NOg  27.0
Na*t , 13.8 1o, - 2k.6
By N 1.2 BT ol.2
opmvat - 10.0 i ' - 23.8
| Pi~ o 17.3
PhS0g . 16.8
0DS™ 10.0
oomva’ = n-octadecyltrimethylammonium
 ODS'>‘ =.nfoctadecylsulfa£¢
Pi = picrate‘ion
Bu = butyl
MeBPh = trimethylphényi
PhSO3 = benzene(sulfonate
A; and /g are in ohm'lcmgequiﬁfl
. ' T '
Schlifer  and Schaffernicht report the following results of conduc-

tivity studies:



Table VI. -

Limiting equivalent conductance from 20°-80°C.

Cation . 20°C . Lo°c - 60°C 80°¢c
Buy, N* 9.9 . 14.8 = 20.3 " 2l.7
Kt T 15.9 21.1 26.3 . 33.8
Anion
Pi” 15.4 22.5 -~ 3l.2 38k '

‘c1t . 33.3- 6.9 65.3 86.2

(Af and A” are in ohm-lcmeequiv_l})
0o o}

These values of_A; and A;vwere assignéd by assuming that the transference
number of the tetra—n—butylrémmohium ion in a solution of tetra—n—butyl-

ammonium picrate at infinite dilution is the same in water and in dimethyl-
sulfoxide,_i;e.,_0.33. |

There ié some disagreemeht betweeh the two sets of data, Eut mo;t of
it may be-attfibuted to the different meihods of splitting up the'limiting
equivalent conductancé of the salts into the ionic lihiting equiyalent
conductances. |

Dunnett and Gassefek-have_determinea thé limiting equivalent conduc-
tances of lifhium chldridé,'lithium bromide and §odium chleride in dimethyl

sulfoxide. Their results are, at 25°C:

) -+ N -
LicL | 35.37 B
LiBr ‘ 35.2 -
NaCl ~37.3

, - + - : .
.If one uses the values cf Agr and Aga determined by Sears et §;73 to

calculate Ag , the results are: Agl (from NaCl) = 23.5, Agl (from LiCl)

[t}

n

This is in considerable disagreement with the data of Schlafer and

Lo



P

- €5 _.

| . S | ‘ :
Schaffernicht? Dunnett and Gasser are unable to explain the disagreement.
t would seem thaij*ﬁe presence of water in the determinations of Dunnett
" and Gasger might be a possible explanation for the'disagreement.

The following generalizations from the data of Sears et al may be

T3

notéd:
(1) as the anion size increases; A; decreases;
' (22' anions have higher ./\.O values fhan.éations of the sgme‘charge andv
| ‘ size; o
(3) although there are only two cations (x* ;nlea+) that may really
 pe comparéd, the shaller_cation,’Na+, has the smaller AZ value.

The data of Dunnett and Gasser-are consistent with thié trend.

'

- . 4
since their assigned value of,A.(T;1 is 11.L.

Spectral studies: An important dontribution to the chemistry of DMSO -
15-17,

has’béen the work on its ligand properties toward trgnéition metal ions
57,58,6h‘. The first'question which these'investigators had to answer was
‘how the transition metal cations were bonded to the DMSO molecule, i.e.,
through the oxygen atom or through the sul%ur atom. Both oxygen and sul-
fur haveé an electfon pair available for coordination. Cotton and
Francisl6’%£ve.idehtified oxygen as the donor:site, by inferpreting

the infra-red spectra of the dimethyl sulfoxide complexes. The shift of
'the'S-O'stretchingwf:equency was discussed in terms of the influené¢ which
bonding‘fhrough either the sulfur or oxygen would have on the frequency.
The argument is that if, as has been mentibned earlief, there is ,back-

bonding" from oxygen to sulfur, a decrease in this back-bonding would shif<

.—the 5=0 -stretching—frequenc: —dovnward—{(i-e= to—lower—frequency and an
g ¥ B) _ Yy
£

,increase in the back-bonding would shift-the freguency upward. If
C

coordination to the positive metallic cation occurs through the oxygen
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the back—bonding.would decrease and fhg freﬁuency wouid be shifted'downe.'
ward. va-the bonding to the metallic cation occurred through the sulfur
the frequéncy-sﬁould be. shifted upward. férvalmosﬁ all the cémplexes
whose infra-red spectra have been féken,the.shift is downward. Only Pd
and Pt coﬁplexeé have shifted the S-0 stretching frequency upward. This
indicates that all those transition metals studied coordinate to DMSO
thrdugh the oxgyen, with the exception of Pd and Pt thch apparently‘coqf-
'dinate through the sulfur. ‘
| Selbin and cowérkeréTu have extended‘thié idea somewhat. They poétu#

late that the magnitude of the shift doward in frequency iﬁdicates the
ﬁagnitude of decrease in §-0 bond strength, and therefore the magnitﬁde of
»increasé'in oxygen-metal ion bond strength. The léwer the SjO stretch fre-
: quené&, the weaker fhe S-0 bond and.conéequently the stronger the metal
ion to oxygen bond. 3By a?plyiné this postulate to the data for metal com-
plexes, they have set up the following series for increasing metal-oxygen
bond strength:

(a) divalent chlorides: Hg < Ni < Co < ca < Pb < Cu

‘(o) divalent perchlorates: Ni < Mn < Co <  Fe < Pb <~ Cu

(¢) trivalent ions: Al < Ga < Te. |
The comparison of DMSO as a solvent té other solvents is better understood
<by_comparing the ligand field strength of DMSO to that of other ligands.
Schlafer and Opit272 have investigated the viéible spectra of certain
vof the transition metal complexes with DMSO. They have compared the para-
meter Dg for cu™ for various ligands. The ligand field parameter is

larger for greater ligand field strength. Their table is reproduced below:
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Table VII.

L 42 '
The Spectrochemical Series of Cu 2'Complexes

ligand c1” DMSO CH3OH DMFA.  HpO
Dg(cm~1) 650 . 1190 1212 -1k 1260
ligand THF AN . enta=t . NHg en
Dg(cmt) 1274 13k2 1360 . - 1510 16kO

DMSO = dimethyl sulfoxide An = acetonitrile

DMFA ‘= dimethylformamide enta” ' = ethylenediamine tetra-acetate

= tetrahydrofuran en =‘ethylenediamine

‘THF
It may be seen tﬁat DMSO is a weaker.ligand,.toward Cu+2 af least, than
is HyO. | | |

The solvation. number and solvent exchange rate of Al(DWSO) 3 in DMSO
" has been studied by nuclear magnetic resonance78 . The solvation number
was found to be six, and as in wafer, the solvent exchangé ;até is slow.

c. Acid—BéSeBehavior |

According to the solvent system concept of acid-base behavior5 P
one would predict the éutoionization of .IMSO to occur, i.e.,
2(cHy)s0 2 [cHS0CH]™ + [cHys0mCHS 1"

Thus a base would be a compound which increases the concentration of
[cH3S0CH, 1™ relative to the cation CcHzsOHCH;I™.  An acid would have the
reverse property. Anv ac1d-base study shou;d then be dLrecbed toward
either (a) 1sola+1ng compounds of the conjugate anion and cation of the

. solvent, or (b) determining the relative concentration of the anion and

cation in solution. Most of the work in'dimethyl‘sulfoxide has been directed

toward the latter. Thus the evidence. for existence of the anion and cation

in solution 1s still somewhat tenuous.
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Evidence for the presence of the anion and cation as species in solution -

has come Drlmarlly from the cou*se of reactlons in the solvent When sodium

hydrlde is rea(ted with the solvent at TS C, hydrogen is evolved .
Compounds of the type (ﬁ P- CnQ—R]Br were then added to the solutlon

4
Corey and Chaykovskyl have used

Products are of the type ¢3P = CH-R.

solutions of the anion to'study reactions of the type
H _ ' . OH
/ [ ] {
C/H. - C + LCH_SCCH - C/H. - C - CH,SOCH .
675 T N T T3N3 65" (T e
. H ; 1

These same workers have studied'the reaeﬁiohxof the anion with triphenyl-

methane "and have determined the concentration quotient :
'[(c g_).c”llcH, socH, ]
- e
p o053 73 "3 102 t5 103 .

.fCH3SOCHé][(C6H5)3CH]
The preparation of the compound (CH ) SOH'? VO3 has been reported " by the.

actlon of concentrated nitric acid on dimethyl sulflde, the product

crystallizes from aqueoﬁé"solution. Presumably the analo-
gous compound with perchloric acid 1s formed in acetlc ann/drlde when

perchloric acid is used to tltrate quantluaulvely ‘the amount of DWSO in

i
solution .

: - ook o o .
Kolthoff and Reddy ﬁsgd indicator studies, cell potential data, and

conductivity and polarographic measurements to determine the acidic and

basic properties of DMSO, and the behavior of acids and bases in DMSO.

?he results may be summarized:
(1) H,0 is a weak base in DMSO.

(2) DMSO is a much weaker acid than water and has about tne same Dro ton

donating ability as acetonitrile.

(3) The autoprotolysis constant of DMSO was determined to be approxi-

mately 5 x 10'18.
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() HCL, HCLO, and H,50, (first 15hi.zapion) are completely disso- |

ciated‘belqw about 10“2 molar. ) - - | | p

(5) The sécond ionizatiOn constant of HQSOA is smali ;na;is.B % ;OTlo.
(6) The ?roton diffusion mechanism in DMSO is‘éohcludéd £o bé 4if-

'ferent tbah:in HEO as may be'éeeh'by comparing the Walden'pfoduct

for H in the two solvernts

-n’Af

]

(DMs0) = 8.6 X<10_6 centipoise cmPsec”

93.4 x lO—6 centipofise cmSsec .

‘ nAf (1,0) b

D.. Ox1dat10n—Reductloﬁ Reactions

The ox1dab10n and reductlon reactions which may be studled in
aimethyl sulfoxide are 11m1ted by the OX1datlon or requctlon of the solvent.
.The primary oxidation product is dimethyl sulfone and the reduction product
is diméthyl sulfied.. From the compilation of the thermodynamic data for '
the compounds in the gaéeous.state , one can célculate tﬁe free energy
of the disproportiopation reaction '
'2(CH3)2so(g) 2 (CHg)pS () + (CH3)p805 ()

to be | £6598°k = - 24.2 keal.
from the vapor pressure data for DMSO, the analgoué calculation for the reac-
tlon of liquid DM30 glves the free energy to be -20 kcal. The solvent is
known aWSo to react with mild ox1dat10n and reduction agents. TFor example,
titanium trichloride reacts qgantitatively with the solvent to form dimethyl
sulfide; Oxidation of dimethyl sulfoxide to the.sulfone is reported
by Douclas, who found that the preparation of DMSO by oxidation

of DMS with hydrogen peroxide could produce the sulfone as a further

oxidation prcduct.
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Thus it appeafsbthaétfhe‘soltent will have-limited»ﬁselas a medium
. for oxidation—réduction-reactions, especially homogeneoﬁs reéctions.
eteroggneous reacfgnts such as lithium; calcium and magnesium’appear to -
“be quité stable in contact with the solvent, which indicates ﬁﬁéﬁ thé

reduction of the solvent by these metals is kinetically limited.

Summary

The high dipole moment and dielectric¢ constant of dimethyl sulfoxi@e
make it a good soivent for polar‘and ionic materials. It:is a strong
Lewis base and thus donates electrons to form bénds with solutes which
are Lewis acids. Although it 'is of low oxidatién-reduction'stability,
dimethyl sulfoxide may be usefully employed for‘Many systémé wﬁich neces-

sitate the exclusion of water.:
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Appendix IIT.

The The rmodynamics of mlectrocnemlcal Cells

Section 1. TIntroduction

Flectrochemical cells have been used exben51vely to determine tne
thermodynamics of chemlcal reactions. Howe&er, 1nterest in thermocnemlcal
propefties has not always>been ﬁaralleled by adequate concern with trans-

_ port phenomena occxrr1ng in cells during qua51 equlllbrlum measurements.
An understandlng of the effects of transport phenomena on the electrical
potential of a cell leads to an an?reciétion of just how few electro-
‘chemlcal cells may be treated by thermcdynamic conslderatlons alone.
Also, such an understandlng enables one to assess the accuracy of thermo-
dypamic data derived from cells in which irreversible phenomepa oecur.
In_the following, there 15 first a‘discussion of phase equilibria
.and ﬁhe thermodynanic functions required for quantitative work are care-
© fully defined. In the‘nex£ sections progressively more complex cell
ehemes'are considered As each eype of cell is dlscussed the general
method of descrlblng the cell behavior is emphasized with no LnbrOdUCblon
of specific calculations for partlcular systems. Specific application
of the methods develoned to the cell scheme conslaered in the experlmeneal

program, is outlined in section L,
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Sectibn 2. Phase Equilibrium

An eleétrochemicai ceil necessarily consists of several phases.
These phases may ﬁe two electrode ﬁétals and an électrolytic solution
(3 phases), bﬁt additional ﬁhases such. as a solid salt offa éas are in-
cluded in most celié of practical.interest.. Equilibriaabetﬁeén these in-
dividual phases, e;g., electrode metaluB in equilibrium with the solution,

B, characterize an €lectrochemical cell which is used for thermodynamic

measurements.

Thé system below is illustrative of the type of cell commonly called-

1 . ) n
a cell without transference :

metal | metal | electrolytic | solid salt | metal | metal
solution
o B ' ) ' € o Caf

The vertical lines denote phase separation. The several phase equilibria
- which may be attained are:

phase « in equilibrium with phaselB
phase B in equilibrium with phase O
phase ® in equilibrium with phase €
phase € in equilibrium with phase @

ot

phase ® in equilibrium with phase .
Phases « gnd a' are composed of the same métal, but are not neéeséarily
in equilibrium since they may not be at the.same electrical potential.

If two phasés afe in equilibrium and if a neutral species A is present

in each phase, then the chemical potential of A is the same in the two

phases, i.e.,

° us S ‘ (2.1)

Here the subscript A refers to the species and the superscript refers to

the phase. Similar equations for other equilibrated species. Indeed, this



- 73 -
equétion muéﬂ be obeyed Tor each species which éXiStS'in both phases before
the phases may be said to be in eéuilibrium.' Wﬁen two phases are at the
same temperature but are hot in eqﬁilibrium, upon cohtact there will be
transport>of maierial‘across_the phase boﬁndary untilnthg condifioh des-
cribed in equation (2.1) iS‘attéined. Thus, éach of thé'phases in equili~
brium may be considered to bé "open" with respect to those»spécies which
can be‘tranqurtea between the phases. Hencez‘phase.equilibrium as used
here does not require.that4all species are present in éach phasé; and each
' species is“at‘the same'ghemical potential in each phase since this woﬁld
be trivial. Again, ?hase equilibrium is taken té be the thermodynamic state
in whicﬁ eﬁuation (2.1) may be applied to those species which are present
in both phases.. | |

In electrochemical systems there are also equilibria'which involve
jonic speéies.. Let one mole of fhe neutral species A dissociate into Vi
gram ions of iénic species i and Vj gram ions of ionic species J, and take
by definition | . | |
MZ = Vi\‘u? + Vg\uj . o (2.2)
Here ui and 1, are the electrochemical>potentials of species 1 and J,
respectively, and are functions of the temperaturé, pressure, chemical
composition and electrical state of the phase. Since species A is elec-

. ' e A A s s
trically neutral, the coefficients vi and Vj are subject to the restriction

“'~ : ‘AH ) . . .' .

k

where z, is the charge number of species k, and the superscript A refers

k

to.the particular neutral species.

Equation (2.1) expresses the condition of phase equilibrium involving
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For the ionic species i

neutral speciles..

is the condLilon of phase equlllbrlum between the two phases o4 and p. If

there are several ionic species present in each Dhase, (2 L) must be
obeyed for each ionic species present in both phases before phase equili-

brium is attained. Each phase is also assumed to be electrically neutral

even though all the ionic species are not present in each.

. Equations (2.1) and (2.L4) are both presented gince phase equilibrium

may involve either ions or neutral species, or both.
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Section 3. Chemical Potential and Electrochemical Potential

The chemical potential of a neutral species is a function of the
\ , : '
temperalure, pressure and chemical composition of the phase in which it

exists. The chemical potential is defihed as

%%;)T,P,.nB%nA = aA >T v,nB;!n @n >s V,n ;én Gn >s P,nB,én (3.1).

' G'= Gibbs free energy
A = Helmholtz free energy
U = internal energy |
H = enthalpy |
S = entropy.

In making meaéurements,'one aiﬁays determines-a difference in the chemical
potentlal vetween different thermodynamlc states and never the absolute
value in a partlcular st;te. However, in uabalatlng data it is conve;;enu
to assign a value to each thermodynamic state. One“may do this by arbi-
trarily assigning the value of the chemical potential in some state and
determlnlng the value in other states oy comparlson to this reference state.
Once the reference state is clearly sp°c1f1°d and the values of the cneml-'
cal potential in other states are provided, one can easily reproduce the
experimental results. This will be mentioned again in the treatment of
data frgm electrochemicél cells.

The electﬁochemicai potential of an ion was introduced by Guggenheinm ,
the difference between its values in two phases being defined-as the work
of transferring reversibly at constant temperéture and constant volume éne
‘gram jon from one phase to the other. Itvis a function of temperature,

pressure, chemical composition and electrical state of the phase. It is
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still necessary to determine how well:defined these independent variables

@ré;; For the sections to follow it will be necessary to consider only

three cases where transference of ions is involved:

(1) Constant temperature, pressure, identical chemical composition

of phases a and af. The only differences between the two phases

will be electrical in nature. Fb“r;ﬁhe transfer:

(a)

(®)

of one gram ion oftspécies i frpﬁ B to d,.the_ﬁork of
tfanéferén&e;is. : |
R I ' (3.2)
1T 1 : o .
whére in the secbhd'équatioh_the_differenée is electrical
state of the two phases is,défined aé'tbe difference.in
electriéél~pb£ential of the two phaseé;

of v, gram ions of species i -and Ojvgram ions of species

T A L
Ej Vk z‘k = Q. N :w

K

such that

Such electrically neutral combinations of joris do not depend

on the electrical state of the phase. We may utilize this

to examine the potential difference defined above,'.Since

& [N T

the total work of transference of combinations such.that

Yok -0
k .

“

will be zero, ‘ ' :

A, a B A, By A A a By _ :
vi(ui ui) + Vj<pj—“j> = (Vizi+vjzj) F(g7-2") = 0.

‘ Therefore ¢a—¢ﬁ does not depend on the speciéé i or J used

in equation (3.2) and is well defined in this &ense.
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(2) Temperature, p”Pssure constant, dllferentvchemical composition

of the two phases. ror transfer of comblnatlons ‘such tnat

there is no depehdence on the electrical. state of either-phase.
»Thus the work of transfer will depend only on the differences -
in chemical compos1ulon |
It should be noted that no quantltatlve characterlaatlon or measure of
the d1fference of electrical Suate of two phases has been glven when the
phases are of different chemlcal comp051tlon.' of prlmary 1mportance is
‘the state of a phase and the questlon of whetner two phases are in the
_same state. If two phases have different compositions, the questlon of
: whether they are in the same electrical state is SOm°What meanlngless.
If the two phases are 1dent1cal chemically, then one may be interested in
their electrlcel states quantltatlvely |
The purpose of thls section was to define clearly. the chemlcal poten-
tial of neutral species and the electrochemical pOoentlal'of ionic species.
In order-to do this,itlwds necessary to examine the connection between the
chemical composition of a phese and its electrical state, and the possible 3

"~ . precision in defining the electrical state of a phase.

1
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Section 4. The Definition of Some Thermodynamic Functions

In this secti§n the absolute activity, activity coefficient and mean. .
P S . : s
1 . .

activity coefficient will be defined.

These functions will be found to

‘be of no fundamental importance for the theoretical treatment of cell poten=- .
tials, but are of use in expressing experimental reéults. of coﬁrse they
shohld be s0 élearly defined that one can ﬁake tabuwlated values of the
functions and reproduce the experimental resuits. The definitions '@:hich~

follow are essentially.those of Guggenheim .

The absolute activity

=
it

RT A X, - (k1)
Further, A, = m T A _ : (4.2)
: : i 111 ,
where m, is the molality of the ionic species in the phase (here the elec-
) ' e '
trolytic solution), Yi is the activity coefficient of 1 and Xi is a propor-

tionality constant. Other concentration scales can be uskd but the activity

coefficient and the constant are changed so that Xi is independent of the )
concentration scale used. Another concentration scale in common use is .

molarity and Xi'is related to this scale by

A, = a? C. f. o ' _ (h-3)

" where Ci is the molarity of the ionic species 1, fi is the activity coeffi-

.. e . . o e 6 . N
cient and a; a proportionality constant. Xi and a; are independent of the
concentration, and are characteristic of the icn and solvent at a particular

temperature and pressure.

The reference states which will be used in later sections are either

V. : ; . :
I (r;) " ~1as Z m =0 (h.1)

1 .
1
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'. . : - . V. S
-or o ST () P =1 as Z C. =0
. ;1 i

i

(4.5)

for all suOh cono;natlons of T that satisfy. (2 3) Since such'product"

will be used repeatedly, take as the deflnltlon of the

ficient for the electrolyte RX-on the molalify scale

V_+ V., v V.

R X _ X
and on the molarity scale,
v_+V v 1%
R X R X
(fpy) — 7 = (£g) ()

For the electrolyte RX on the molality scale,

B 4 V.
Og) ™ 05)

) R

() B o) ¥

4 Slnce the comblnatlons (K ) 'R (XX) X and (mR> R (mX)

quantltles, it is concluded +that (X ) kX) is well

mean activity coef-

(4.6)

(4.7)

AV -V 12 1%
(2) FOg) Mlmgry) Rl

X are well defined

deLlnec for the

reference gtate. Furthermore, for all concentrations at which

Z m, does not =+ O ,

i
v v v v v v vV_+V
R X _ 6y R ,.064y X, R X "y R X
(g) O 7= ) T Oy T lmg) T ) T Grgy)
' - vy _ , -
and one concludes that (YRX) is a well defined guantity.

A restatement of the above arguments may clarify the reasons for

‘making them. Xi is well defined but depends on the electrical state.

6
Therefore, the product (kiYi) is well defined but depends . on the electrical

_state. We take the position that the only ccmbinations of Ki which may be

determined unambiguously are those that satisfy (2.3) and are thus related

s
i
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to electrically neutral salts. Therefore the quantity

v v v v
8\ i e "k i k
0D )t ()

A choice of the reference state, (L.k),

14 Vk

- may be determined unambiguously.
: - 1 v

i gy k- iy
(\g) " end (r;) '\Yk) un

: ¥
thus makes it possible to determine (Xi)

ambiguously.

Similar arguments may be made about the definitions on the molarity
_ S

scale and again one concludes that the combinations
, é v, - Y,

I (a)) “ana T (£, ) *

. .1 X i

i S i
"in which the v's satisfy (2.3), may be unambiguously determined with the
aid of the reference state (4.5).
It is sometimes desirable to convert molalities to molarities or vice
 versa. The molality (moles solute/lOOO grams solvent) is related to the
molarity (moles‘solute/liter solution) according to,

1

o =3 -0.00L C.oo,
’ ST i1

in which'd is fhe'deﬁsityvof>the solution aﬁd aa is the mqleculaf weight
of the species if var ilonic species, a& is the gram‘ionic weight of the
spécies i.

This concludes the definitions of the thermodynamic function which

; will be used in later sections.
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, : Sectionjé;'
Cell with Electfolytic Solution of Uniform Concentration Throughout

Cells disqussed in &his section are ﬁaken to'COntaiﬁ_é-singlé elec-
trolyte.in solutiqn of uniform‘concentratioﬁ thréughdut thé‘cell.

In most_téktbooks of physical chemistry, eleétrochemistry or thermo-
dynamics, a distincﬁion is-maaé between é "eell without transference’ and
~a cell with transferénée." The supposed dividing line between these is
the existence or not of concentration gradients in the electrolytic solu-
tion. Sincé most electrochemical cellé ére of the type "with transfefence'x
the'division is somewhat awkward. It is pfoposed that a more logical
classification is the given in this section.

An example of a cell with the same eleétrolyte throughout is one with
two electrodes of the same metal dipping into the same solutioﬁ of a salt
of the metal. More'specifically, coﬁsider fhe system

A T S B
Pt(s) Cu(s) f CuS0, soln Cu(s) ft(s) .

‘Phase equilibrium between the several phases is described by

o o B
M- = H_o (5.1)
‘ 8
B = W (5.2):
W o'® - |
! gt o 4 o
H 4o = H (5.3)
e o' | e
B'" _ a' B
) “’e_ - U'e- . . ‘ ' | ) 1(5.)_4_)
From (2.2); - ' pguA = 2“5_ + “B o : , . (5.5)
’ : Cu A
S .8 ) A
s = Hgo= T H : - (5.6)
Cuso, — "SOf ote
B o BB , : '
l-lcu = 2He_ + Pn P ‘ (5.7)4



"l. 82 -

Q&

- o o o
The electrical potential difference between o and a', i.e., g= -9, is
related to the electrochemical potentials by,
7 F(gsda . ¢d') _ uCZ, - ud"
e=" V. T Ter e-
- o al B Bt
- - O = - ’
.F(¢ 2" ) Moo = Hoo
_ 1B 1B 1,8 L P
= BMoy T EH o T B, TR o
Cu ' Cu :
1B 1B -
= 2 . (5.8)

= 2Hoy T 2w
If both electrodes are of the same purity; i.e.,

g _ B
Moy T o

it is obvious thatvfhe measured potential will be zero. If, however, one
~of the hcopper"’electrodes iS‘alloyed with another ﬁetal and ﬁhe other
eleétrode is nbt, v
SR - %) 4o,
Here it is assumed that the phase équilibria described by (5.155.h)‘are
unghanged, i.e., that the only effect of introducing the foreign metal into
one of the electrodes is £o change the chemical pofential of the copper |
in that electrode. Such a cell has the same electrolyte throughout, and
its electrical.potential and thermodynamic properties are connected by
_equation (5.8). Another‘cell of this type is
a 8 ® k : € al
Pt(s) Po(s) PoCl, soln in'Hgo ] Pb(Hg) i Pt(s)

in which Fo(Hg) is a lead amalgam. By a similar analysis,

T i RS VL WL (5.9)

Po Po

Therefore, one may determine the thermodynahié properties of lead amalgam

as a function of the relative composition by measuring the cell potential .
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for cuch cells as that above. Such an application has been the most

common usc of cells of this type.

"A cell which is usuvally descrived as having the same electroliyte
| .

throughdut is the one given formally in section 2. A particular system is

o B ) ‘ € I o o
pt(s) | Ti(s) | LiCL soln in D¥SO | Tici(s) | Ti(Hg) | Pt(s)
where the electrolytié solution is a solution of lithium chloride in the

solvent dimethyl sulfoxide, T1Cl is a salt which 1s sparingly soluble in

' DMSO and T1(Hg) is a thallium amalgam. The sevéral phase equilibria‘yield:

. . - .
Moo =Moo | (5.10)
5
W=, (5.11)
i Li
A . - o
€ ) .
o= W (5.13)
T1 T1 | , .
o) .oal : '
Boo = Moo : | (5.14)
There are the associated relations [see (2.2)]
B .. B _ B
b +_ML1+ - M
5 , 5 _.0
Mot Hei- T Prica
L .
e, o+, = no
ot | ci- =~ "TlCl
I
mt e  T1°
Therefore,
&« a'y B 0 e 5 & B
F(g7 - 27) = by, - Bpp * Pmcy 7 Pricn T (Hop- = PBgp-) - (5.15)
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Thus the electrical potential difference between o and a' is related to e
' 9]

the thermodynamic properties of neutral speeies, since “Cl = uCl’ s .
even though the various equilibria (5.10-5.14) were expressed in terms of

single ionic species. This will always be the case for cells which may be

treated by thermodynemies'alone.
It would appear from the sbove treatment that the assumption of the

same electrolytée throughout is valid here. It is known that there will

be TLCl in the solution although the quantity will be small. The presence

of th1s added electrolyte will change the chemical pobent1al of LiCl in
the immediate v1c1n1uy of the thallium amalgam—thallous chloride electrode.

One cannet allow the thallous chloride to saturate the entire solution
: R '

because it will react spontaneously with the lithium metal. Therefore,

there will be a gradient of the concentration of T1Cl and consequently a

gradient of the electrochemical potential of the chloride ion, and one can

no longer assume that there is the same electrolytic solution in contact

with both electrodes. The original system must be described more carefully,

and equation (5.12) must be changed. - - : B

a B o 5 : Bf € & al

Pt(s)|Li(s) LiCl soln in DMSC$ LiCl soln in DMSO|T1CL(s){T1(Hg)|Pt(s)
Phase B? differs from O due to the dissolved T1C1. (5.12) becomes

5' B 'e . ) ‘ (5’12’)

Hor- = Hor-

~and (5.15) becomes

a ) ® D 5 8T .
-F a & - B - € t

o} ot \
o1- o1~ 0 (5715') becomes (5,15). This system cannot be treated -

by thermodynamics alone, since diffusion is an irreversible process.. It
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i, to apply the{l&ws of diffusion or transport in electrolytic
solubions in order to treal this region of nonuniform composition.
For this system and“at zero current, the gradient of the electrochemical

g . N B : .
potential of the chloride can be expressed in terms of the peutfal salts

as follows, , .
5t o) of o of
V- =t UV + 57 WV
: + i +7°7
- C1 Li LiCl o T1Cl

in which V is "the gradient of . 7.;", and the tg'5>areuthe»transference
numbers of .the ionic spécies with respect to the solvent veldcity. Thué,
the more insoluble the salt (here TLCL), the more hearlyJié the electro-
lyte the same throughout and equations (S.léf) and (5.15') reduce to (5.12)
and (5.15), respectively. ‘

Now examine the systems where there are twé (or more) electrolytes in
solution at a uniform cohcentration ;hroughput. The results of the previous
examples may be applied here, with two'adéitional assumptions: |

(1) the secondAelectrolyte in the s&stem changes the théfmodynamic

properties of the first electrolyte, but does not react with it
to form a preciﬁitate,_evolvé a gas, etc., nor does it react
spontaneously with the electrodes.

(ii) the second electrolyte does not participate in the phase equilibria

except to alter thermodynamié properties in tﬁe solution phase. .

It has.been>the purpose of this section to illustrate how the results
of section 2 may be épplied to typical systehs, aﬁd fo examine the sbecifi-
cations and characteristics of a céll with‘ﬁhe same electrolyte thnroughout.
For the first two cases examiﬁed avove the tﬁermodynamic properties of the
electrolyte have no influence on the cell potential. The third caée was

found not to belong to this section and will be treated in more detail in

another section.
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Section 6.
Cell with Single Electrolyte of Varying Concentration

Cells in which the concentration of a single electrolyte varies with
L . . . ' - " .
location in the cell is the simplest example of a so-called cell with

1 o
transference. Such a cell might be formally,

I B . 5 , € B A
Pt(s)|Li(s)|LiCl soln in DMSOStransitiony LiCl soln in DMSO|Li(s)|Pt(s)
region '

in which the chemical composition of both platinum leads is identical, as

is that of both lithium electrodes. The concentration of LiCl in the

. . . N ' 1" s e 1
d-phase is different from that in the €-phase. The transition reglon
.is one in which concentration gradients exist, as the concentration varies

from that in the d-phase to that in the e€-phase. This regicn is sometimes

called & "liquid junction.'

Applying to this cell the definitions of sections 2 and 3, one finds

the following,

- F(2” - ¢&’) = -0, . - (6.1)

This is a well-defined electrical potential difference since both the . .
platinum leads are of the same chemical composifion. On¢ can go.no further
in treating the cell by reversible thermodynamics since there is diffusion.
- Two treatments are possible. Newman's treatment of the transport prcper-
ties of electrblytic solutions 1is chosen here in preference tb a treat-
ment by the methpds of irreversible thermodynamics (e.g., Guggenneim

Suppose the electrochemical potential difference in (6.1) is infini-
tesimally small, i.e., '

. 1
F(E - ) s ae =0t - W



- 87 -

From the treatment of transport phenomena by Newman  one finds

. 0 .
1 L AR L= '
E—_V“+ T Tk Tz v, WuLiCl,) ? (6.2)

+

wvhere 1 'is the current density and K is the conductivity. Accofding to

- (6.1),
'z+ = l,'zé': - l; -FV8 = - Vu 47
{ o : Li
Voo, méy be eli@inated from‘(6.2).to yield -
. Fvs = -4 O v 6.3)

The potential of the cell is thus related to the transport properties of
the solutions, the current density, and the concentration profile ‘in the

liquid junction. Assume

i =0

ag

Vg =
s 1o
LiCl dx

Equation (6.3) can be integrétéd to give

T I

f - Fag = f £ dupio

T T .

. | , I ' .

r(ett - o) - f t° QMo - - L (6.1)
| x | )

The left-hand siae correspohds'to the electrical potential difference be-
" tween the two "end" electrodes of a series of cells such as (6.3), the other
electrodes cancelling in pairs; Alternatively, (6.3) expresses the dif-
‘férence in eiectrical potentialkﬁetween phase a' and a platinum lead con-

nected to a lithium electrode. The second platinum lead and lithium
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‘
electrode are.infinitesimally "close" to phase B, i.e., the potential
difference is infinitesimally small. .This second lead and electrode mignt
be terméd a "suitable reference electrode.” As th° reference electrooe
is movcd across the llQULO Junction, (6.4) expresses the potentlal dL;-
ference between a' and the reference electrode. Flnally, let the re;erence

electrode coinclde with phases @ and B so that (6.4) becomes

Om

.F(?a' -7 = . é“I:iCl - - " (6.5)

(6.5) is equivalent to the express1ons which appear in most treatments

of'celis éf the type considered here. However, the "virtual paséage-of

: : » , :
current” used in most derivations has been avoided here,“and indeed it has
been possible to treat the case vhere the current density is zero. The
electrical potential difference aépearing in (6.5)vwill not be described
here as the "liquid junction potential”, but will be hore-appropriately
titled "the potential of a cell with liquid junction.” This avoids the
use of individuai idnic activity coefficients and the ill—defined electrical
potential difference vetween two points in a medium of vérying chemical
composition (see section 3).

Upon introduction of the definitions from section 4, (6.5) becomes
< .

am T , ‘
r(& - ¢°°).=f2tf RT [1 + WIJ—C;] dn . : (6.6)
5 - '

o :
If t does not depend on concentration,

€

. ' _ dmy r : (x )
P 6% =f. 21 7r [1 . c1] = oRT 0 1y oLiCL Y1101 e ©.7)

- dm ( 1J1Cl J.:1Cl)'<3

s . s : . . . O
"If the activity coefficients are known in both solutions, t_ may be cal-

culated from a measurement of the cell potential.

.3
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One may generalize (6.2) for an arbitrary electrode reaction to obtain,

S - o
1 . __i;g - - ) ’ <
E; Vi, Tk T z_V__vuelectrolyte ° o (6.8)

From thermodynamics, for an arbitrary electrode reaction,

S;Vu; f S+Vg+ + Sovuo = - ?F Ve

or ' o 'S_ Som ' 1 '
- V¢ = <;v_ nm_/ vuelectrolyte - E: Vi, - (6.10)

in which the relation

VA -+ o2 e
S+ + S_z_ n

has been used. The S's are stoiéhiometric coefficients for the electrode

reaction, and mg is the molality of the solvent. Elimination of 7= Vi,
: B

from (6.8) and (6.10) yields, where 1 = O,

o : ,(rS_ Som t-
va V“elecbrolyte - om N Z_V;> ’
Now

vuelecﬁrolyte = VR [V (Y lectrolyte)] ’

: R - B cys
Therefore, if t  is independent of comp031t10n,

' ] o _ .
p(% -2%) = v R‘I‘(nv - ;}z Em:;s + v RT --f ;8 gﬂ‘ Y] dm. (6.11)

To summarize, (6.7) and (6.11) relate the measurable cell pOLentidl

to the thermodynamic and transport prépertiés of the solutions in the cell.
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Section 7.

Cells with Two Electrolytes, One of Varying Concentration

The cells of this section nre.deécribed as containing two electrol&tes
in solution. One of the electrolytes is of uniform conc‘entzatinn through=- -
out; the concentration of fhé other varies with position in the ;eli.' An
examplé of {his type cell has been discussed in section 55 i.é.,

@ B 5 51 e o |«

‘Pt(s) |Lis) |TiCl soln in DMSO S transition ST1CL(s) |TL(Hg)(2) |Pt(s) |
I g region v '

in which the transition region denotes the region of variable concentration

of T1Cl. LiCl is of uniform concentration throughout.
From (5.15%) ,

o aty B ) e s) 3) 5*

- F(PT - 0T ) = hpy - M FRppey T Poger T M- T Mor-

The expression for the cell pctential again contains a difference in the
electrochemical potential of an ionic species (e.g., Cl'), similar to (6.1).

If the concentration'profiles are known, this difference can be cal-
culated fron the following generalization of equation (6.2) for multicom-
ponent diffusion in the 1iquid junction:

.
-—i—-vu=Z-—t—i—rVu -—I—Vu:l+zi (7.1)
Tz ok . z, R E o = . E

+ + ‘
Let O denote solvent, 1 denote Tl , 2 denote Li and 3 denote the common

anion C1 . (7.1) becomes

. * O o .
7.5 z.t 2. Fi
- Vu =2 Yy 4 32 Gy 4+ s (7.2)
3 2 VA A vB B K
11 Zp7'p

(7.2) is an expression of general validity for this section. There
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has so Tar been no necessity to introduce any assumptions about the relo-
T
2

tive concentrations of the ionic species. The particular cell introduced
and

3

at the beginning of this section may be {treated by a simplified form of
v

my < ma'*.m

(7.2). If T1Cl is only slightly soluble in the solution,
Introduction of this assumption into the expréssions for tz

e

3
5 )
L 20

- 23903

yields (cf. Newman
o
t i~

2 20

of section 6 are approximately equal. This is a reasonable result as

/

ml'f*o .
Also, o] 2
' (2t %1 P
A A
. 2V 2gmpVs (2500 - 23005
’ and it is to be noted that
to —-+0 as m, >0 .
- 1 1
Now for the present example,
A A_B_ B_
yl.f v3 vy = v3 =1
‘Zl =2z, = - z3 =1
and (7.2) becomes
" D )
Vo L0l g 02
3.7 my(Dyp +.ﬂ03) A Dy * Dy
i =0
= Do3

Further, assume
:ﬂog'_

(7.3)

'(7fh)

If one goes back to section 6, it will be noted that tg of (T{h) and ti

(7.5)

(7.6)



and (7.6) is simpliticd to
my

WBEE%—WA? %—WB o o (1e7)

A suitable reference electrode is to be used in which

- Vu, = FV8
* u3 .
~and (7.7) becomes : Lom : - - ' ’
VO E - g Vi e (18

2! "
By definition,

VHA

oRT [V (v mA) ;v (v YA)]'

and similarly for B

Wiy = 2RT V (1% rg) -

Retaining only terms of largest magnitude, one obtains

‘ " vm3 . [m, ' : A
FVg ~ - RT —=2 - RT |[—=V Iny, +VIinr,| -
. S m m A 7 'B
3 2
If one assumes diffusion occurs in only one diménsion, and
a(in 'YA) = d(n 1y) | : S

this. equation may be integrated to give

: R (m ) : )
I C e W~ (P Jhc Mo | (7.9)"
- [(msjej .

In order to measure activify coefficients and standard cell potentials
by using cells of this type, onejmakes measureménté 2t low concentrations
of the electrolyte of uniform concentration (e.g., LiCl‘in this System),
and extrapolate to infinite dilution of this electfoly—;,e. By (L.L) the

mn

reference state is thus established. These measurements av 1low concentra-

W

tions of LiCl are therefcre the most important, thermodynamically, and

. . : . . s . 1
the measurements which are most subject to errors from liquid junctions

lso ..
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here. One may calculate this error for a typical system -
’ { .

such as tréatcd
in- which
m <<
o
mg = 1073 moles /1000 gms DMSO -

.

I

< 1073

=

w

and the ratio of activity coefficients is given by the first term of the

Deby-Hickel theory, i.e.,
(ry)s 2 L
Z%E%Z (%), - (%), -
Oﬁe‘finds upon using this éonditidn, |
§¢ X 26 Uv .
If one wants to make measurements whlch are.accuraue to at least lOuv,

where again m3 10 -3 moles/lOOO gms DWSO one finds that (us1nv only the

first term of (7.9),

m
£ <k x 107", -
3 ‘ : ,
I - ' -10
Thus the solubility product of the slightly soluble salt must te < L x 10 .
_Some further description of the "suitable reference elecﬁrode" is in
order. The potential appearing in (7.9) end thereafter is taked to be
the potential of a cell with liquid junction. The cell is one in which
the electrodes are reversible to chleride ionsy i.e., chloride ions are in
phase equilibrium at both electrodes. The elect“odeg do not intr oduce
any electrolyte into the solution, are of the sanme type ana éi ff er in

electrical potential only because of the concentration gradient of the

- . e e 4] . -
slightly soluble salt. One may consider this cell “superimposed . on the
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cell introduced at the beginning of the section, one reference electrode
- - 1 v mo., . s N
near the €-phase and one relerence electrode in the O-phase. The cell
. . . . 5 A . 1, . oon
potential appearing in (5.15") might be divided into a ‘thermodynamic

| { . . ' '" o .
part and a "liquid junction' part, i.e.,

- T (6“-95“,).:*5&775 - VS
' thermo 1.5,

_ -B : o} €

. 5
=My T oHp Pl T Mica

where .
- ?v¢thermo

and - FV¢1 3 given by the integrated'form of (7.6) or

. ] _ % e_b -
- VP 5. T Mo T Mmoo

It is not the purpose of this section to propose such a Separation, but
it will be noted that the potential of the cell with liquid junction (e.g.,
\2 ) is a clearly defined quantity which is measurable.  This is dif-

l.jo
] . . e 1. . . . . "
ferent from most definitions of a liquid junction potential.

- The purpose of this section has beenvto obtain (7.2). This equétion
was developed without aSSﬁming that the concentration:of one electrol'ué'
waé uniform, but that the two'eléétrolytes had a common ich.. Applicatién
was theh made to a particular case in which éimpliﬁication was possible.
‘The important results féﬁnd are:

(1) one can relate the potential of a cell with.liquid Junction to.
the thermodymnamic and transport propefties of the electrolyte
solutions in the cell, and the concentration profile across the
liquid Jjunction, and;

(2) +this pbtential may be made less than 10 kv when the concentration
of the uniform electrolyte is low (e.g., 1073 molal), if the
sbiubility prodﬁct of the sparingly soluble salt is L x J_O"lo or
smaller, for the particular case studiéd;

Possible extensions of the results of this seciion are to cells in
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which Che concentration of both electrolyles vary with location in the cell,
S "o T s . L. ..29 ‘ .
and to salt bridges. The cell described by Guggenheim 7 - would be
. o P | S L U 3
a logical example cf a cell with a salt bridge which could be treated
by the results of this section. This will be discussed in section 10, and

will not be considered here.



3. Cells with Liquid Junction

Tﬂg following sy;?eﬁs have been treated; althbugh-not‘éxplicitly,
~in sect%oﬁs G and 73 | |
(l)~ rells with t ransference

(a) single ciecurolyie (sectlon 6)

(b) * two electrolytes, common ‘ion (seculon 7). |

-(2) salt bridge whose electrolyte has ion in common with each of the

"connected" electrolytes. |

It Has veen found in these caées that the irreversible pfocess of'diffusion
méy be accouﬁte@ for by introducing differenceg of electrochémical poten~
tial of one ion between two phases, e.g.,'in (6.1) and (5.15'). One m;y
retain such equa;lons 1n the form of dlfferences in electrocnemlcal oot én-
tial of an ion, or Qne may express such differences in terms of "the
potential'of a cell with'liquid jﬁnction" as-in sections 6 and'T. Neither
method seems to have more pnys1ca¢ signif cancé than uhe other. Hovever,
it is clear that not only will the difference'in electrochemical potential
or "poténtial of a cell wifh liquid junction", dép§nd on the_relétive

composition, and total composition in a cell, but will also depend on how

the junction is formed.

Therefore, there ié_still the problem of feporting experimental results
fér suéh systems so that there isvno'amﬁiguity in reproéucing the éxperi—
mental measurements. FYor ceiis which can be treated strictly by tﬁermo—
dynamics, or where any irreversible processes are ignored, the data are

usually reportcd in terms of a standard cell potential and activity coeffi-

cients. This will be discussed more extensively in section 9- (5.15’)



and (6.7) may be examined to show that electrochemical data on cells of
section 6 may be reported in terms of transierence number, and ratio
activity coefficients and composition of the solutions in the cells.

There appears to be no such convention for reporting data frcm cells of the

“type treated in section T.
The problem is even more complicated for systems not included under
1 and 2. above. For one thing the treatment according to-(T.l) yields a

more complicated expression. The following example illustrates another

problem encountered:

B <7 B ' 6.' € o) at
Pt(s) |Cu(s) Cu(ClO&)é soln! transition AgNO3 soln| Ag(s) |Pt(s) -
in B0 region in Hy0

" The +transition region contains the solutions which vary in composition from

® to e;_ The cell potential is

]
-
=
}
-
:DT-
+
¢F
0
+

Io? ot
T F(# -.¢.F)A Cu

B _ d +7€. 1 6
Hou ™ Mag “AgNo3 2 Heu(c10,),

1
(M=

M -

NO

e) € .
m - u (8.1)
c10, > | \

The problem now is to treat the difference in electrochemical potential

of different ions in different phases, 1.e.,

e
-

-~ M 40 ./lg'*"

Cu

or equivalentlYQ - B €
Mg A= = Hua-
. Clou .NO3

Locally, the diffusion of the two electrolytes into one another may

be described by (T.l). This allows one to determine -such combinations as



- o8 ~
o " 5 .
ClO; Cth

where the superscript I refers to a solution in the transition region.
Assume hhat the ionic strength does not go to zero anywhere in the transi-
tion region, i.e., that Cu(ClObr)2 and AgNO, are mixed in this region.

>

Then calculation may ve made of the combination
“I He.
Noz T OTWNes

3 3

where I refers to the same solution as above, by applying (7.1) again.

Therefore, (8.1) becomes

B 0] € 1 )

; o at w L - -
- F(P7 - 27 ) = akgy - Mag Y Fagno, T Peu(cro,)
. 3 L2
) I € I
+ M T ¢ SV VAN i ¥ S
ciof T Peiop T wog T Twog

I I
- ( - = ;_L . _) . . (802)
| “mo3 C107 | D .
If the activity coefficients of Cu(ClOu)2 and Cu(NO3)2 (or AgClOu and
AgNO3) are known for a solution of composition identical to I,
I I T I I I
Mol = R - KD = u - u
No3 . C}Ou Cu(NO3)2 Cu(LlOu)g AgNO4 AgC10),

Thus the liquid juncﬁion of this céli may also be 6eséribed by physically

well-defined quantities.



Section 9.
. Standard Cell Potential and Activity Coefficients

¢

Cells such as that desnrlbed by (5. 15) are used to determine ‘standard
.Lell DOantlulo and activity coefficients of electrolybes. Thls.meunod
of reporling experimental measurements‘will be dlecusseq-‘ Three syétems
will be treated in eome detailf _
_sdbstitution of the definitions (4.1) and (L.2) into (Sflj) gives
' s o e 6

a Qo
- -— = - - X
' F(? ~ 7)) ML M1 * “TlCl vLiCl R ZM' LiCl

- BT 1 (mp )™ (mgy-)"" ()™ (rg3-)""

which by (4.6) becomes,

'The combination _
' B - @ e .0
- + - 2R A
My T M Ry T PR P i,
is independent of the concentration of electrolyte in the solution and
is a function only of the components, temperature and'pressure of the

system. This combination w1ll then be defined as the "standard cell poten-

. o s
tial of this system, i.e.,

6 .B o € X
T = Hro= Fop + Mooy T 2RT n &ricl *
Therefore,
ol at bﬂ e . \

in which the left-hand side of the equation is measurable, as is L
Cen 8 : "
If, therefore, the value of & and Yri01 27 chosen for a particular

thermodynamic state of the system, the value of TLiCl may be determined
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states. The reference sLaLe rhooen nost commonly is expressed

in other

in (h.h)i Howevér, this refereﬁce state cannot be attained experimeﬁtally;
Part ox the dif faculfy is associated w1tn the 1nbrodhCu10n of trace ime-
purities i_n'to hig‘nly dilute. solutio_ns. These impurities may be negligible
al high concentratith'of'LiCl, but are of exﬁréme'impoftance in highly
dilute solutions.

To progress further, oné must ﬁse ‘an equation such.as Guggenheln s

26, 2 :
extension 9 of the Debye -Huickel limiting law, i.e.,’

T - |
Pl T @Al T3 +28L c1 Mricy

¥

in which I is the ionic s»renvth and o and BL cL are constants. By sub-~ .

stltutloq of ohlS relation into the expression for bhe cell potent1a¢,

i

' wnd (2rT) '

aty .0 ) L UM n
o) _). = rl& - 2RT Mreo1 + I - ABL'iCJ_ RT Mric1 °
Sl mEig

- (2% -

‘The cell potential is thus expressed as a function of the molality of
e ’ S
LiCl, &, tempergture and pressure in the concentration region where

mesel — 0. Rearrangement of the equation yields,

o

- F(z% ;¢°‘.’)‘+ 2RT It m - ?—ET——‘-”—:”L Y RTm
1+me
in which.the subscripts on the mdlality énd on B are dropped. Replacé the
left-hand side of the equation by FE' and qbserve.fhat g' is a lineér
function of molélity, i.e., | |

s .0 ' :
T _ - .
FET = FE uBLiCl Rl m .

By extrapblating €' to infinite dilution, one can determine £ from the
1ntercenv at m =0, and BL c1 from the =lope of the curve. Once &

.determined, the activity coef»3c1enb may be determined as a. function of
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molality. The accuracy of Lhe data in the dilute region determines the

0 o | o » |
accuracy of & and.Y thus aeterminea, one can reproduce the experimentalz

v measurcmenbs, to an accurarj determined by the’ accuraCJ ol & and of 7.
Itlwas found that the potent1al of cells treated in sectlon 6 could
be ekpréssed as in (6. () or (6 ll) ne conc’ude that a tabulation of
transference numbers, aCblV1uJ coef‘1c1en+s and comp031t10n would nrovige
the‘information negeséary to reproduce the_experlmental'measuremenbs.
Thevactivity coeffiéients may be determined from measuréménts on cells suchl
. as described in the las# pdragraph, and the tfansference number may bde
calculated from the'experimenfal data on celis of the type described in
section 6. ternately, if the transference number is known as a function
of concenuratlon and the act1v1uy coefficient is calculated for one solu-
tion from a»thepretical relationship such as tne Debye- Huckel limit 1ﬁg
law, ﬁﬁe activity coefficient of fhe_electrolyte in the other solutidn
may be Obtained readily from an‘experimenﬁal measurement of the cell poten-

. . " Ly - . ' "
tial. It is to be noted. that a 'standard cell potent1al’ has not been

‘

defined for this system - nor is it needed.
One other type of cell will be examined in this section, i.e.,

Pt(s) |Li{s) |LiNO3 solng transition regiony AgNO3 soln Ag(s) [Pt(s)
in DMSO. KNO3 soln in DMSO{ in DMSO.

‘ KNO+ 'soln . o KNO3 soln
' MSO. in DvMso. |

in which the solvent is dimethyl sulfoxide, and KNO, is present throughout
. 2 3 . S

B, € and ® at the same concentration. Phase € is the region in which there

are concentration gradients of both LiNO3 and AgNO3. The cell potential

may be expressed as

AgNO - NOZ

“, b . 6 . (I) . .
- T -7 = T TR T U T Lo (9.2)
A8 3 3 |
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As the concentralion oi"A{;NO3 and LiNO3 becomes very small compared to

¢

: ' 29
the concentration of KNO3, it should satisfy the Guggenheim defini- =~ .-
tion of a cell with the composition of 8 and @ neariy identical. KNO3 is

not involved in the phase equilibrium at the electrodes, except to alter
4.

the chemical potential of the other electrolytes in the solution.. With +

~these assumptions_uro_ - “NO' on the right-hand side of equatipn_(9-2) is
3
dropped: Adopting the definition of section L,
o aty B X - 3.8 3G :
7(g g7 ) = pm - _“Ac + 2RT In 4gh0y - 2RT 1 LiNO3

(mA wo, )( AgNO,, -‘
+ 2RT N

(leNo )0 ).1

3
m Y, B
9 ‘AgNOgnAgNO;i ’
= F& + 2RT 1% = (9.3)
PLiNO LiNOJ
B 37773
xéA NO
. o
Fé',e:u.-ux +2RTZ%-——3 .
Li Ag ke
LiNO3
From Guggenheim , the following relations are introduced which are

valid only in solutions where the concentiations of AgNO3 and LiNO3 approach

z€ro, i.e.,

: 1
Y o= +[z R
" "hgno, “prg NO3
and similarly for LiN03
2
e YLiNOS =T %P o+ \*051

. in which @ and I are defined as in section 7. Therefore, for systems in
which

1o, =My 1o,



-

equation (9.3) can be writicn
3} VoD _

. .t
- Lg% = re? .

There has been no ncessity Lo extrapolate the data to

- 1

3

Trivo
S

.
7 "AgNO

as in (4.4). Indeed, this condition cannot be met since KNO3 is present,
presumably in excess. It has only been necessary to require low concen-~

tration of AgNO_ and LiNO_ so that,

3 3 _ | |
o) o '
B o= . ‘ (9-4)
NO NO '
3 3 - _
and .
Y Vo, = Y YLino
| 3 3 |
If the mplality of AgNO3 and LiNO3 are different, but (9.4) is retained,

one should be able to tabulate the experimentdl data as a standard cell

and activity coefficient ratio of the two salts. The activity coefficient

~

of one of the salts may be calculated if that of the other is known and
: L ‘ ' . :

the ratio of activity coefficients is known.
In order to extend the treatment to systems in which (9.L4) is not
assumed, the effect of diffusion must be accounted for in one of two ways:

(1) describe phase € as the region in which there are concentration

.

gradients of AgN03 and LiNOs, but there is no mixing of the two -

salts, or;

e

(2) the treatment in section 7 must be extended to a system in which
there are more components, in order to allow for mixing of AgNO3

and LiNO. in vhase <.

3
If (1) is used, the results of section 7 may be utilized at the +two Jjunctions,

the junction of pnase 5 and phase € and the junction of phase € and

Whichever extension is used, it will still be difficult to tabulate



the experimental data since one must know the concentration profile across

»irreversible processes may be neglected. t has been possible to establish

- 10k -

. . . - S . 1 t. nog, ®
the junction in order to calculate the correction (1.e., “NO - pwo_)

3

to equation (9.2);
There is no reason.to‘have KNO3 of:cohstanﬁ concentration throughout

in order to accompliéh condition (9.4). Take tne KNO3 to be absent from

all phases and take vhasé € to be avregion in which there exist coécentra-

tion gfaaients of AgNO3 and LﬁNQ3 and the concentration of electrolyte does

not go to zero an&wﬂefe in phase €. Equaﬁion (9.3) is still applicable and 'A 2

the results of section T may be used if (9.4) is not met. TFor equal molali- o

ties of the two salts, one could extrapolate the experimental measurements

-to infinite dilution of the two salts where,

| ‘YAgN‘O:S’ YLiNO3 -1
. | :
and - F(e® - o ) = e .

‘.

Thus the experimental data may be represented by a tabulation of & and
the activity coefficient ratio where (9.4) is assumed. One concludes that

6 ' : 6 - - .
€  is independent Of the concentration of KNOB. € 1is also independent .

of the anion used, by (9.4), so long as the anion is the same for both

+ L+
"Ag and Li .

. It has been found that the standard cell potential and activity coeffi-
cients adequately represent the experimental data for systems in which
1 1n B « . . € ' s
a treatment to correct for diffusion in those systems where it may not
5 < t .. 11 .
be neglected. From a knowledge of the “correction » the standard cell
potential and activity coefficients, the experimental measurements may be -

reproduced. However, the particular concentration profile across a liguid

' n .oon . o cir T s
the “correction may be determined. Therefore, for cells with liquid
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“junction one should report the standard cell potential, activity coeffi-

ciénts, éonceﬁtration prbfile gt the liduid junction and the contribution
from diffusion.

In compiling thé standard cell ?oﬁential of many cells it is desirable
to tabulatg as few detailé as possible without being ambiguous. Of n
possible electrodes, 6n¢ may make méésurehents on %n(n—l)‘différent com=~ :
,Binations of these electfodés taken two at a time. Only (n-1) of these.
coméinations are indepéndent and the others may be obtained by addition
and subtraction bfvthe (n-1) independent combinations. One may report
the.étandard cell potentiéis of (n-l) possible .electrodes against the other
bossibie electrode; and the standard cell potential bf oﬁher combinations
may be ébtainéd from these. Implicit in this discussion is the indepen-

1

ne ion not

o]

dence  of the standard cell potential from specification'of t

in phase equilibrium at either electrode. However, this is only Jjustified

" when there is an ion common to both electrolytes, as found in the third

system of this section.

For tabulations such as found in Lewis, Randall, Pitzer and Brewer

the following conventions are adopted:
(1) the hydrogen electrode is the particular electrode common to all

B

cells; and
(2) wunless specified, it is assumed that the ion not in phase equili-
brium at either electrode is ﬁhe saﬁe for both‘eleétrolytes, €ege,
Fhe'hitrate ion i# the'third example of this sectibn;land
(3) if both ions of one elecfrolyte are specified, eﬁg.; for the
TllTlCl electroge, the common ion is specified, i.e., C1™ in this
case and in the first'example of this secﬁion. |

In order +o utilize +his tavulation for cells in wWhich there is no common



ion for the electrolytes, one must calculate such quantities as

KL, 00 - _RD, .6
T u>" : - .'I}‘. }
F v, = F 7 Hutero,),

Vo 3

i

as in seéction 8. A different choice of anions would of course change the

guantity which must be calculated.

One other convention used here concerns the sign of the electrode

potential. Unless the cell potential is zero, the electrochemical potential

of electrons is always greater in one platinum lead than the other. This
lead is taken to be the negative lead in the cell. The following definition

will be used to comply with this experimental finding: the standard cell

potential is positive when the electrode written on the right 1s positive.

This convention has been used in all previous sections.
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.electrode where it reacts, and therefore the solution is different near
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Appendix IV.

VUTP‘.”IO\ AND THE UXTRAPOLATION TO INFINIT E DILUTION

Thc""oarx.mic treatment of cell potentials is based .on the eQJaoLon

L1

0 'ﬁ v T
e =0 2B gy (o (m 1 )+ (1)
; . nF 5 _

where the SJﬂbolc used are dlscusg d_in éection_( ).of Appendix III. In
order to assign values_to the 29 's at_any-concentration, voth E° and the
v.'s must be known at some reference state. A reference state in common
use is ‘ ' -
v, > 1 as ;ﬁ‘mi -0 - (2)

i
where the summation is over all ionic species. Thus the measurements in

very dilute solutions and thc extrapolation of cell potentials to infinite

dilution are of great.importancé to the determination of thermodynamic

'properties of solutions of all concentrations. Yet these dilute solutions
are most subJect to uncertalnules arising. from errors in determination of
concentrations, conceot ration changes fesul 1ng from undesirable reactious
in the celi andkthe.effect of irreversible phenomena such as diffusion.

It is the purpose of thissection to discuss the method of estimating the
effect of diffusion on the cell potential for the sﬁecial case‘of'a cell

in which there is an electrode of the second kind from which dirfuses

a sparingly soluBle salt.
The cell
'Pt(é)/Li(s)/Licl soiution sn DMSO/T1C1(s)/T1(Hg)/Pt(s) (3)
has been discussed in sections ( 5 - 7 ) of Appendix'IIi, and employs
the saringly soluble salt TlCl as part ofvthevreferencé electrode. One

.

must make measurements on the cell before T1Cl diffuses to the lithium
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the lidthinm elecbrode than tnat near the amalgam electrode when the

.

The effect is small when the LiCl concentration

ey v - i . 3
munsreinenss are N

D

is high, but becomes significant when the concentration of LiCL approaches
the concentration of T1Cl.. One .can calculate in principle the effect of

the variastion in concentration in the cell from the integral

2 :
Rt = [ (0, an svc au, ) )
+ TTT1CL | ..+ T LiCl
1 T1 ' Li- S

as discussed in Seétionl(Y ) of Appéndix III. The integration can be

made 1f one knowslthe depenéenée of thevtransport properties on the con-
centration of the'spécies throughout the regicn of éoncentratidnvvariation.
However,.the necessary data fof such a calculation‘are‘nOt ayailable even
on an analogous systém in aqueoﬁs solutiong, sé one mﬁst.make approxima-'

tions. The assumptions to be made are:

1. The integral is well-defined;

[9]
(9]
o
=3
]

2. The solutions are dilute and the concentration of LiCl i

parable to that of T1Cl;

W
.

~ ~ B
The ionic mobilities of Li , C1 and Tl are equal.

The transference numbers which appear in eguation (L) are rather
1 .
complicated functions of the concentrations and transport properties of

all the species present. However, one may. introduce a considerable sim-

,

plificatiorn in the case of dilute soluticns. The transference numbers

appropriate for dilute solutions (ctT. Newmanf% are defired oy

2o u, oy : _
ty T (s5) -

luml
— 11

i

n

i
O
-y
pe
<

in whie? W o= mooility of ionic spacies i,
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e
i

= concentration (mole/cm3)_for ionic species 1,

"

4

: " charge number.

v .

_From the assumption of equal ionic mobilities, the transference aumeer

is found to bc

. ﬁ ' = -ia ]‘~ . . . v . (6)
1 Z o . s -
. Z.C.
.11
i
For thé-case at hand, '
t, = 57 = . T
i 2lepe *opicr’  2Carm

This relationship between the transference number and concentration allows

one to write

.2 1y 1 [ itmt o Li 8
“F(-27) = zb/~ - ¥me Yo d“LiClJ ' (8)
_ Cl c1i- . A
l .
The thermodynamic relations
- SN CR . . )
Mooy = 2RT 20 v+ 2RTjZ%i§th)TlCl

- R . ,

may be differentiated to yield

o+ m )
] T1C1 1c1

: —

1 Soulonl ey

E a(m

LF(FP-pT) = %(ERT) l

o f~"“T:L*- y L Pt W—L
+ f : d(Z% 1% 4 ——-3-'-—- d(zy\' V+L" Cl)J j (9)
c1- o J '

sricn) tm
1 |

CL

- in which it has been assumed

Crmn 4 m..+ C

Bpi+ o 71t . 1d it
m =- o ana - = o .
. ida 4
cl- C1l- Cl- Cl-

The molalities have been intrcduced strictly for convenience.
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This yiclds .
3

volts. -

the same cell

o 1 Coa
~(8°=¢") = 51 x'10
Again the cell potential will be smaller than. for

1 diffusion were negligivle.

Case III.
For the cell = o | |
Pt (s), He(g)/HCi solution in HQO/AgCl(s)/Ag(s)/Pt(s) = (11)
let
, } R
(mpeydp = (mgey )y =207
-6

(mﬁgc;>2g-lo

. from which one calculates
2

I =1.00 x10°% (12)1/2' 1.005 x 10°

2 .

I

@aﬁl);Qiixlfhvﬁia
‘The cell potential will bé_smaller than for the corresponding
cell if diff?sion wére negligible.

Ex?efimental data with ﬁhicﬁ thése éalculationg may’be compared are
'available in'the literature. iuksha_and Crisésiésed the silvéresilver
chloride reference electrode for measurements in N-methylforﬁamide.
and MorrisonBl‘used the silver-silver éhloride reference electrode Tor
measuremenﬁs in dioxane-water mixtureé. it was found-that there occufred

. o' . e a I e
ne B function in dilute solutions such as

Pl

£

an abrupt change in slope of t

has been found in the present work (cf. Figure ) ). Luksha and Criss do

not propose an explanation for this pnenomena. Harned and Owen propose

that the theory of Gronwall, LaMer and Sandved is adequate to exgplain

ol

N
tx

)

the phenomens. in dioxane-wvater mixtures in wh

i

, . " -
ch the abrupt change o

jo N

be.taken as a dielectric constant effect an

ci

is to

al



‘mercurous chloride electrode. The solubility product of silver chloride

6ecoﬁcs more apparent in syétems which are dioxane-rich;> Hdwever, this
would hardly scem 1o be:an appropfiaﬁe.éxplanation‘for thevN-methylfofmamide
systen},sincc the.solvenﬁ has o large dielectric constant'<171).
Unfortuﬂately ndther'grdup of workérs report the solubility of silver
chloride in their éolvents.'vThe‘only solubility data for any of ﬁhese
systemé'is thét of qutohvil and TeZakhé. They report that the concén-
fration of silver ion in_solutions of hydroéhioric‘acid saturated with
silver chloride is higher in a 57.5% dioxane—hQ.S%‘water mixture than

in water.

In aqueous solutions the reference electrodes most thoroughly inves-
tigated are the silver-silver chloride electrode and the mercury-

18

10 s A . .o . -
and that of mercurous chloride is 10 .

in water is approximately 10
No measurements have been made on cells with the mercury-mercurous
chloride electrode in which the concentration of mercurous chloride in solu-
tion was comparable to the concentration of the other electrolyte.

12 ' . . .
Carmody ~ made measurements of.the cell (11) for hydrochloric acid concen-
trations down to 0.0003288 molal. Anderson3 investigated the same cell

: p)

with hydrochloric acid concentrations down to 2.640 x 10 7 molal-: In ;

each investigation the diffusion of silver chloride is of measurable
effect on the cell potential. However, the  cell potentials which they
report were taken after the cell solution was saturated throughout with

silver cnloride. In Anderson's work, silver was found to be’ deposited on

the platinum of the hydrogen electrode. He was able to show quantitatively

.that the silver was deposited as a result of the reaction

\

H, + AgCl - Az(s) + HCL(solution).



The cell

$d

-
ail

- llu -

i yatentials which Andorson measured on the cells with the most

ilute solutions were found to increase initially and then {o decreasze.

The initial increase is due to the diffusion-of hydrogen away from the

nydragen electrode. and masks any effect due to

the diffusicn of silver

chloride from the other electrode. The decrease began when silver chloride

reached the hydrogen electrode.

<

Tt reacted according to the above reac-

tion and the concentration of hydrochloric acid was increased as a conse-

quence.

t 1s concluded that

1, L1 ~
humped ™ curves of

=0t

v

versus m are found

in some systems in which diffusion of the sparingly soluble salt may be

expected to contribute to the measured cell potential. The lack of experi-

mental data on solubility prevents any more definite test of this treat-

ment, but it is conclusive enough to suggest caution in exprapolation

o!

of E to infinite dilution.

It is proposed that one should determine

that diffusion does not occur in such systems before one employs some treat

ment such as that of Harned and Owen

to perform the. extrapolation.

Summarized below are the results of calculations for DMSO with the

concentration of LiCl listed in the first column.

.

These may be comparad to

the results in Figure 1, and one finds gocd agreement in order of magnitude.

Tablé 1k,

Effect of Diffusion on Cell potential

LiCl conc.
molality

x-lO'2

AC N B RN T

w

~

l...J
~

©nooxX X

=

10-3

_(¢2 _ ¢l)

0.056 -

mv

0.ks5
7.67
12.03
17.20
26.63

50.8k%

-



© - 115 -

References

(London) 10, 407 (1956)
hem. Soc. 1956, 2705.

)

1. S. C. Abrahams, Quart. BRevs.
2; C. C. Addison and J. C. Sheldon, d
3. N.J. Anderson (DLsoérudtlon, UniVersiuy of Chicago, 193k)
h. F. A Askew, E. Bullock, H. T. Smith, R. X. Tinklér,‘o Gatty and
J. H. Wol;encen, J. Chem. Soc. 19?L 1368. ‘
5.. L. F. Audrieth ard Jde Klelnoero, MOH-AOLQOQS SOLuthHS, John Wiley &
Sons, Inc., 1953
6. D. Barmard and K. R. Hararave, Apal. Chim. Acta 5, 536 (1951).
7. G. M. Barrow and K. S. Pitzer, Ind. Engr. Chem. L1, 2737, (1549)
8. 0. Pastiansen and H. Viervoll, Acta Chem. Scand. 2, 702 (19L8).
9. L. Brewer and E. &ammx,ggﬂ.amb.6lle5(uﬁly ‘
10. W. X. Busllela.and'K. J. Ivin, Trens. Faraday Soc. 57, 10kk (1961).
J11. J. N. Butler and D. R. Cogley, J. Electrochem. Soc. (to ve published)
12. W. R. Carmody, J. Am. Chem. Soc. 5k, 188 (1932).
. 13. H. A. Christ, Helv. Pays. Acta 33, 572 (1960). _
) 4. E. J. Corey and M. Chaykovsky, J. Am. Chem. Soc. 8L, £66 (1962). See
- "also J. Am. Chem. Soc. £7, 13Lks (198s). ) : )
15. F. A COUbon: R. Francis and W. D. Horrocks, ur; J. Phys. Chen. [
153k (1960). :
16. F. A. Cotton and R. Francis, J. Am. Chem. Soc. 82, 2986 (1960).
17. F. A. Cotton and R. Francis,zg. Trorg. and Nuclear Chem. 17, 62 (1961).
i 18. J. M. G. Cowie and P. M. Toporowski, Cen. J. Chem. 39, 22k0 (1961) '
19. C; M. Criss, TID-22360,,"5he Thermodynamic Properties of Ions. in
b ) Agueous and Nonagueous Solutions at Varicus Temperatures "
.- 20. T. B. Douglas, J. An. Chem. Soc. 68 1072 (1946)
T 21. T. B. Douglas, J. Am. Chem. Soc..70, 2001 (1948)
R. S. Drago and D. W. Mee k, J. Ch Pavs. 65, 1kk6 (1961).

22.



- 116 -

" I. Drakin and Chang Yu-Min, Russ. J. Phys. Chem. 38, 1526 (196k)

e
(Bnzlisn translation). o : . o L

L T | | ) .
J. S. Dunnettiand R. P. H. Gasser, Trans. Faraday Soc. 61, 922 (1965). R

C. Drucker and F. Luft, Z. physik Chem. 121, 307 (1926).

W. T. Foley and J. M. Osyany, Anzl. Chem. ;3,'1657’(1961).

R. J. Cm]]esn~e and E. A. Roblnson Can. J. Cneﬂ. Ly, co7k (1969)

E. A. Guggenhein, :335;. Magz. 19, 588 (1935).

E. A. Guggenheim, Thermodvnamics, L4th ed., North-Holland, 1959.

W. J. Hamer, "Electrochemical Data"”, NASA CR-6202k, 1965. 2
H. S. Harned and J. O. Morrison, Am. J. Sci. 33, 161 (1937); J. Am. .
Chem. Soc. 58, 1908 (1936). ' . _
H. S. Harned and B. B. Owen, The Phys1cal Chemistry of EleCurOTJth
Solutions, 3rd ed., Pelnhola, New York, 1958.
H. Hecht, Z. anorg. Chem. 254, 37 (19&7).
I. Heilbron, D1ct1onarv of Organic Comnounds,FOxford Univefsity“Press,
(1953)- ‘
C. D. Hodgman, Handbook of Chemistry & Physics, 39tn ed.,vChemical
Rubber Publlshlng Co., 1958. ‘ ’ . i
R. A. Hovermale and P. G. Sears, J. Phys. Chem. 60, 1579 (1956).
V. L. Jolly, UCRL-2201, 1953. See also W. M. Latimer and W. L. Jolly,
~ J. Am. Chem. Soc. 75, 41k7 ( 1953). : : : :
T. W. Kenning and A. W. Campbell, J. Am. Chem. Soc. 6k, S17 (192)..
H. M. XKoepp, H. Wendt and H. Strehlow, Z. Blektrochem. &k, 483 (1900)
J. Kenttamza and J. J. Lindberg, Suomen Kemistilehtl ;;;, 32 98,
10k (1960).
J. Kenttimaa, Suomen Kemistilehti B33, 180 (1950). “
I. M. Xolthoff and T. B. Reddy, Inorg. Chem. 1, 189 (1962). I
. ’ - - 4
I. M. XKolthoff and T. B. Reddy, J. Elecirochem. Soc. 103, 980 (1961). ’
I. M. Xolthoff and R. Belchere, Volumetric Analysis, Vol. III,  Inter- .

science (1957).



Sk

55.

56.
5T

53.

59.
60.

- 117 -

J. Koskikallio, Suomen Kemistilehti 30B, 38, h3, 111 (1957)-

J. Xratonvil.and B. Tezak, Rec. trav. chem. 75, TTh (1956

W. M. Latimer, Oxidation Potentials, 2nd ed., Prentice-Hall (1952).

W. M. Latimer, K. S. Pitzer and C. M. SlaHSAJ, J. Chem. Pays. T,

W. M. Latimer and C. M. Slansky, J. Am. Chem. Sog- €2, 2019 (1940).

R. G. Le Bel and D. A. I. Goring, J. Chem. Engr. Deta 1, 100 (1962).

R. R. Legault and K. Groves, Anal. Chem. 29, 1:95 (1957).

G. M. Lewis and M. Randall, J. Am. Chem. Soc. L3, 233 (1921)..

G. N. Lewis, M. Ranuall X. S. Pltze“ and L. Brewer, ThermodynawLPo,
2nd ed., McGraw-Hill, 1901. :

J. J. Lindberg, J. Kentamaa and A. Nissema Suomen Kemistilenti B3k
> 2

E. Luksha and c. M. Crlss, J. Pth. Cnem. 70, 1&90 (19oo)

H. Mackle and P. A. G. O'Hare, Trans. Faraday Soc. 58, 1912 (1962)

D. W. Meek, D. K. Staub and R. S. Drawo, J. Am. Chem. Soc. 82, 6013

(1960)-

D. W. Meek, R. S. Drago and T. S. Piper, Inorg. Chem. 1, 285 (1962).

7

C. Melendres (M.s. ”hes1s, University of Californie, Berkeley, 1965).

H. S. Mickley, T. K. Snerwood and C. E. Reed, Apvlied Mathematics
in Chemical Engineering, 2nd ed., McGr w-nlll 1957.

W. Moffitt, Proc. Royal Soc. (London), 2004, L09 (1950). -

E. L. Muetterties, g. Am. Chem. Soc. 82 1082 (1960).

1 T . .
J. Newman, "Transport Properties in Electrolytic Solutions” in
Advances in Electrochemistry and Electrochemical Engineering, Voi. 6,

C. W. Toolas, editor.

I. T. Oiwa, J. Phys. Chem. 60 75L (19%0)

T. Pavlopoulous and H. Strehlow, Z. physik Chem. ¥F2, 89 (195k).

L. Pierce and M. Hayasnhi, J. Cnem. Phvs. _j, L7g {196 ’).

A. R. Pray in Inorganic Synthesis, Vol.5, Therald Muzller, ed.,

McGraw-Hill, 1957.



70
71.
T2

- T3.

7h.

T. W. Richards and F. upwelo, J. Am. Chem. Soc.

R. A. Robinson and R. H
Academic Press, New York,

A. Saytzeff, Annalen 1kl

- 118 -

— e e e e

1959.

1

50 (1867).

4. Stokes, Electrolyte QOlutwowu. 2nd ed.,
2

H. L. Schlifer and W. Schaffernicht, Angew. Chem. 72, 618 (1960).

P. G. Sears, G. R. Lester and L. R. Dawson, J. Fhys. Chem 60, 1433

(1956)

H. L. Schlafer and H. D. Opitz, Z. EDGA*“Oﬁ“Pm. 45, 372 (L961).

J. Selbin, W. E. Bull and L. H. Holmes, Jr.,

Chem. 16, 219 (1961).

J. Inorg.

and Nuclear

Sarajevo

T. Skerlak, B. Ninkov and V. SlSlOV, Bull. Soc. Chim.

(Yugoslavia) 11, 34 (1962

)-

H. Strenlow, Z. Elektrochem. 56, 827 (1952).

C. A. Streuli, Anal. Chem.

30, 997 (1958).

S. Thomas ard W. L. Reynolds, J. Chem. Phys.

D. C. Wimer, Anal. Chen.

30,

2060 (1958).

Lk, 3148

(1966),‘

)



ﬁ()

This report was prepared as an account of Government
sponsored work. Neither the United States, nor the Com-
mission, nor any person acting on behalf of the Commission:

A. Makes any warranty or representation, expressed or
implied, with respect to the accuracy, completeness,
or usefulness of the information contained in this
report, or that the use of any information, appa-

¢ ratus, method, or process disclosed in this report
. may not infringe privately owned rights; or
» . .

B. Assumes any liabilities with respect to the use of,
or for damages resulting from the use of any infor-
mation, apparatus, method, or process disclosed in
this report. ’ - ' »

As used in the above, "person acting on behalf of the

Commission" includes any employee or contractor of the Com-
mission, or employee of such contractor, to the extent that
such employee or contractor of the Commission, or employee
of such contractor prepares, disseminates, or provides access
to, any information pursuant to his employment or contract
- _ with the Commission, or his employment with such contractor.
- v



i)

L




