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ABSTRACT

Mean activity and osmotic coefficients have been deter-
mined at 25° for aqueous solutions of Co(en)B(NO3)3,
Co(pn)3(0104)3, KBCO(CN)é’ and [Co(en)3]2(804)3 by isopiestic
comparison with votassium chloride zolutions. The salts do

“strons™ 3-1 and 3-2 types and required 8

not avpear to be

values of 3.23, 3;83, 4,01, and 3.43, respectively, to repre-

sent the deta by means of the Debye-Huckel equation. The

results obtained for the 3-1 elecirolrytes were similar to

Go(en)3013. The solubilities of the Co(en)B(NOB)3 and KBCO(CN)G

vere determined to be 0.2749 and 1.31l1 n, respectively. leasg-

urenents were taken over the concentration range from about

0.0 m to the saturated or near saturated solutions.
Conductivity measurements were also made on solutions

of the same four electrolytes to about 0.1 N. A decilded

deviation from the Onsczer limiting law was observed. The

limiting wvaluesg obtalned viere found to e very similar to

those obtcoined by previous workers., The extrapeolotions were

rmade by the method of Shedlovsky and of Owen. The Shedlovsky

proceduvre gave the higher linmiting values, Aj. The values

of the constants A and B of the extended Onsacer equation vere

determined. A definite cause of the devi~tions observed must



awalt extension of the precent theories to permit treatment

-

of the high~charge salts studied.
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I. INTRODUCTION

The present work is vart of a2 program involved with a
general study of the »roperties of high-charze type snlts in
aqueous solution. The main objective is to find salts of high-
charge, such as 3-1, 3-2, 4-1, etc., which (1) exhibit little
or no tendency to form ion pairs in dilute solution, (2) underso
negligible, if any, hydrolytic action, and (3) are sufficiently
soluble so thet any theories at hizher concentration might be
applied.

By means of the vnreparatlon of very stable complex salts
it should be possible to prepare compounds which actually give
lons of charge 3 or 4 in solution. If the cation or anion is
lar<ge, dus to the size and nunmbser of coordinated groups, 1t
should bhe wetter able to carry this large charge without ad-
ditional coumplexation. This means that solvation effects would
be smaller owlng to the low chorge density on these large ion
surfaces. Also, 1f they are sufficiently stable or "ineri",
hydrolysis would be at a minimum.

The salts studied in this part of the general program are
of the 3-1, 3-2, and 1-3 charge types.

Measurement of activity coefficients was suggested by the

lack of data on activity coefficients and the effectiveness of

measuring them by the lsoviestic method.
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In additlon, it was hoped to he able to determine the distance
of closest approach, 8, from conductlvity measurements such as
was done by Dye and Spedding (1) for the alkaline~earth and
rare-earth salts. In previous tests of this procedure the 8
values obtained from e.m.f. measurements of mean activity co-
efficients also gave conductances agreeing with experiment up
to 0.008 N. Thus the chance of coumparing calculated mean ac-
tivity coefficients with those obtained exverimentally and the
availability of the conducitivity apparatus dictated measuring
a second property, conductivity, of the high-charse salts.

To glve a clearer picture of the activity and conductivity
theory and calculations, the two properties will be covered
separately. For example, the historical treatmeat of activity
coefificlients is gilven first, followed by that for the conduc-
tivity; the calculations for mean activity coefficisesnts followed
by those for the conductivity, etc. This separation of each
gection into two parts is adhered to excent in cases where a
clearer understandiag results by consldering Hoth nroperties
gsimultaneouslye.

The concent of activity in chemical thermodynamics was
introduced by G. N. Lewis (2). It was through the substitution
of activities for concentrations that the mathematical form of
the 1deal law was nreserved and could be extended to real sysg-
tems, The activity of a chemical specles can be exniressed as

the vroduct of its concentration and an activity coefficient



3

whilch measures the deviation of the species from ideal behav-
iore The numerlcal wvulue of activity and activity coefficient
depends upon the units of concentration employed. For elec-
trolytes the mean activity and mean activity coefficient are
used because the activity and activity coefficient of a single
lonic svecles cannot be determined.

Values of activity coefficlents can be determined from
boiling point elevations, freezing voint denressions, e.m.f.
measurements using cells with or without liouid Junctions,
from osmotic coefficients, and vapor pressures.

The activity coefricient is a vroverty determined hy
measurenent of systems in eqguilibrium. The electrical con-
tance, however, i1s a property deterwlned Dy measurements of
syatems in disturbed states. When an ionizing electrolyte is
dissolved in water, the solute consists of electrically charged
atome or groups of atoms, called ions. When an electirical
potential 1s apnlied petween a pair of elecirodes in the sol-
ution the ions of the clectrolyte migrate and a flow of elsc-
tricity occurs. The svnecific conductance, L, of a solutioﬁ is
defined as the reciprocal of the solution's snecific resistance.
The svnecific resistance 1s the resistance of 1 cm.? of a sol-
ution netween electrodes 1 cn. apart. The swecific conductance
ig a function, therefore, of the same wvarlables as the specific
regsigtance, namely, the nature of the elscirolyte, the concen-

tration of the solution, temperature, etc.



The equivalent conductance, A, is of more theoretical
significance than the swecific conductance. It 1s defined
as the conductance of a solution which contains 1 equivalent
welght of electrolyte between electrodes 1 cm. apart, The
equivalent conductance at infinite dilution,A,, 18 also an
important function in theoretical considerations. It can be
defined as the equivalent conductance of a solution which 1s
dilute enough so that further additlon of solvent does not
affect the conductivity. Its value cannot be measured directly
because the concentrations of these dilute solutlons are so low
that the physical measurements have too high a degree of un-
certainty. Its value 1s obtained by extranolastion of a sult-
able function of the equivalent conductances and normzalities,

This study was undertaken with the purpose of studying
the mean activity coefficilents and conductivities of four
high-charge, complex salts. The salts studled were tris-
(ethylenediamine)cobalt(III) nitrate, GO(en)3(N03)3’ tris-
(pronylenediamine)cobalt(III) perchlorate, Co(pn)3(0104)3,

potassium hexacyanocobaltate(IIl), K Co(CN)6, and tris-

3
(ethylenediamine)cobalt(III) sulfate, [Go(en)3]2(804)3.



II, HISTORICAL

A. Isopilestic Method

The isoplestic method was introduced in 1918 by W, R.
Bousfield (3). He adavted the term “1sopiestic" to reprezent
the equilibrium condition resulting after several solutions
in a closed container had gained or lost water in order to
arrive at the same vapor pressure®*, The method was not made
practical for accurate determinations of wvapor pressures until
the work by Sinclair (4) in 1933. At that time the most
accurate determinations of vanor nressure were carried out
by a method devised by Lovelace, Fraser, and Bahlke (5).

Their method involved careful removal of air, a sensitive
manometer and attained an accuracy of less than 0,001 mmn.

The method was, however, much too elaborste for general aopli-
cation.

Sinclair (4), intricued by the simplicity of the iso-
plestic method, set out to test its experimental possibilitises
and found the attainment of equilibrium using the nmethod of
Bousfield too slow to e practicnl. Sinclair (6) and Xoblnson

* Tgotonile 18 often usced syunenyucusly with 1so-
plestics It waos introduced by Hugo de ries, who
first used an isotonls method in 1882, to define
solutiones in ecullibrium withh resnect to transfer

of the solvent. The term isoplestic, however, seems
to have gained the wider acceptance.
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and later Scatchard, Hamer, and Wood (7) further ilmproved the
method 8o that wvaror pressurc neasurements would yleld activity
data with an accuracy comparable with thot achleved ia the
ceMefe and freezing vwoilnt methods., The modifications incor-
rorated into the appératus and procedure to facllitote attaine-
itent of equilibrium are as follows. By having good metallic
conduction between solutions the retardation of distillation
due to thermal resistance between solutions waxs reduced to a
small value. The solutions were held in silver-plated copper
dishes, which were then placed in holes bored into a bhrass
block. To prevent fluctuations of temmerature, the block was
only in contact with its container over a small circular area
5 cm., in dlameter, which then acted as an effective thermal
buffer. By placing some solution in the crevices between the
sample holders (dishes) and the brass block, the distillation
rate was greatly increased (due to the reduction of the temper-
ature gradients by substitution of solution for wvapor in the
maps). The factors then limiting the rate of attainment of
equllibrium were conduction of heat ~nd diffusion of solute
through the solution. These factors were minimlzed by making
the solutions shallow and stirring (though not so much as to
set up minute heating effects)e. The solutions were stirred

by means of a rocking device situsted in the bath. Quantities
of the solution vere also kXept to a minimum, but within weigh-

ing accuracy to decrezse the amount of water which had to



distill. The container was evacuated to remove air which
interferred with the distillztion. Six drons of water vere
placed at the bottom to sweey out the air during evacuation
and cut down evanoration from the dishes. To control the
evaporation and prevent splattering, the air was drawn out
very slowly into a bulb of approximzately the size of the
container, which in turn was connected to the wvacuun line.
When the pressure reached that of the wvanor pressure of water,
the vessel was evacuated ten more times to ensure complete
removal of air. The isoplestic vrocedure had one serious
drawback. With solutions below 0.1 m, the time required to
reach equilibrium was between one and two weeks. Often equi-
1librium never seemed to be attalned. Hence, azs a rule the
values obitained at low concentratlons tended to »e somewhat
erratic.

In 1943 R, A. Gorden (8) ran a series of measurements
on the system KC1l-NaCl over the concentration range from 0.03
to 0,10 m and 2t 25°9. He reports that the wmost serious exper-
imental difficulty is the removal of =2ir from the system.
Evidence was adduced that the extreme slovness with which
equilibrium is sttained in dilute solutions is primarily due
to the rate of transportation of solvent in the vapor phase.
The procedure adopted to reduce this was to pump the vesael
initially dowvn only to 60 mn. pressure and then allow 1t to

rock for 6 hours; it wos then wurred to 30 mme =2nd left



overnight; in the morning, a further pumning reduced the
pressure to the wvapor pressﬁre of water. It was then allowed
to rock for 3 periods of 24 hours, at the end of each period
the vapor above the solutions wes pumped off. In this way

he found he could efﬁect a fairly complete degassing of the
sclutions and thus elliminate the erratic results at low con-
centrations.

In 1936 Robinson and Jones (9) measured the activity
coefficients of some blvelent metel sulfaotes. The 2-2 charge
type vas examined since the symmetry was retained and hence
rendered the theoretical treatment less complicated. They

first calculzted the osmotic coefiicients, ¥, of KC1 by*

@ =55.51 1n p,
2m P

from moldr vapor pressure lowerings reported by Robinson (10),
Since po/p is the same for two isoplestic sclutions, the
osmotic coefficient of the sulfztes could be calculsted,

The activity coefficlents were then calculsted¥ by the method
of Randall and White (11).

Mason and Ernst (12) used the isopiestic method for the
measurement of the wvapor pressdre of aqueous solutions of
lanthanum chloride and hence showed that it was also applicable
to 3-=1 electrolytes,

# The theory involved in obtaining and using this

equation will be postponed until the Theoretical
Section.
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Due to the uncertainty in the experimental results when
the lsopiestic method wes used bpelow 0,1 m some form of extrap-
olation was necessary to obtain results from O.iiﬁﬁzero gon-
centration. Robinson and Jones (9) accomplished this by
calculating the activity coefficients for concentrationsAless
than O.1 m from the literature data using the freezing point
and e.m.f. measurements. Mason and Ernst (12) overcame the
difficulty by using the Debye~Hiickel equation (page 29).

In 1938 Mason (13), with revised technliques, extended
the method 1o the determination of the wvapor preésures of 6

riore 3~1 electrolytes and extended his LeCl. data to higher

3
concentrations and obtained more accurate data below O.4 n,
The main features included the use of platinum gauze in the
solutions to ensure more rapid thermal and distillation equi-
librium and a good thermsal contact secured by pressing the
dishes firmly against the bottom of the brass block while the
dishes themselves fit tightly in the holes provided for them
in the brass blocke.

The activity coefficients of a large number of compounds
have been determined by the isopilestic method. Of special
interest 1s the application of the isopilestic procedure to
complex salts similar to the ones considered in the present
study. Robinson (14) applied the procedure to K,Fe(CN); and
Brubaker (15,16) reported his findinzgs on four additional

complex salts of the 4-~1, 1l=4, and 3-1 charge type. There
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st11l remnins, however, a definite lack of inform-tion on the
mean activity coefficlents at hizh concentrastions for otlher

similar salts.

Be. Conductivity

The study of the phenomena exhivited by chemical sub-
stances when they are subjected to the action of electrical
forces began in 1776 with Cavendish. He mezsured the con-
ductivities of aqueous solutions of chemical compounds (17).
In hls apparatus the solutlon whose resistance was to be con=
pared was contained in a long tube with movable wire electrodes
Inserted at each end. One set of electrodes from two such
tubes were connected with the outside of a Nailrne battery of
Leyden Jars, whille the other electrodes were comnnected each
to a geparately insulated viece of tinfoil. Cavendish charged
all the jars of the battery together to a known degree of
electrification and shorted first one of the pleces of tine-
foil through his body, then the other. By adjJusting the
lengths of the liquid columms, he was able to Jjudge when he
received-a shock of the same intensity from each, and thus
was able to compare the resistances of the two electrclytes.

The branch of chemistry which deals with the electrical
conductivity of solutions can actually be said to heve origin-
ated when 2 distinction was drawn between metallic conduction

and electrolytic conduction.
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One of the most noteworthy of the early investizators
1s Kohlrausch., He made an extensive study of the variation
of the conductivity of electrically conducting solutions with
concentration and temperature, and discovered that the gpecific
conductivity, L, changed wlith concentration. By expressing
the concentration, N, in terms of gram-ecuilvalents per 1,000 cm?
he was able to measure the egulvalent conductance of the solue
tion, which is defined as

A= 1000 L 2
N

Kohlrausch (18) then proceeded to show thot in dilute solu-
tlons, the conductivities of strong electrolytes could be

expressed empirically by the ecuation
1
A = A° - x(W)® 3

known as the sauare root law. It is also due to Kohlrausch

that we hove the law of independent ionic mobilities (19),
A° =20 -° Ty

Here A2 and Aq represent the contributions to the limiting
value of the equivalent conductivity due, respectively, to
the anion and cation of the electrolyte,

In 192%, Debye and Hiickel (20,21), gave an analysis of the

speclfic distribution princinle which enabled them to calculate
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the conductivity of '‘solutions.

The resistance of an electrolytic solution is most freq-
uently determined by means of some form of Wheatstone bridge
clrcult, one arm of vwhich is a conductivity cell contzining
the solution. In the ecrliest measurements direct current was
employed, but this caused the results to be erratic because
of the so-called "polarization" due to gases liberated ot the
electrodes. Following the suggestion of F. Kohlrausch (22),

a rapidly alternating current is now generally used. The direc-
tion of the current is reversed abvout a thousand times per
second, so thot the "polarizations" produced by successive
pulses counteract one another. Kohlrausch did his experiments
onn the conductlivity of electrolytes using a simple slide-wire
bridge, an induction coil as a source of current to minimize

the polarization, and o telephone to find the point of balance.
The telephone repnlaced the galvanometer originally used as

the detector.

Since the initial development of the a.c. conductlviiy
bridge, many technical advances have been m~de in bridge design,
and in the source of ~nd method of detection of the a.c. sizgnal.
To give a complete review of the subject would require a
lengthy treatise. However, certain points in the develorment
will be considered, esvecially those in a series of»papers by
G. Jones and co-workers,

In 1928 Jones (23) published the first paper of “he series,



13

It consisted of an experimental ~nd theoretical study of the
principles of design of the Wheatstone bridge for use with
alternating current. It was pointed out in this paper that
the use of water as 2 thermostat liquid for electrical cone-
ductivity gave erroneous results, since the presénce of a
conductor (i.e.,water) near the cell caused an error in the
value of the resistance being measured. Although the reasons
for the errors were not all known, use of o0i1l z2s the thermo-
stat liquid gave results independent of groundlng, value of
resistance being measured, specific conductivity of the bath
licuild, and freacuency.

In 1929, Jones and co-worker (24) reported on some im-
provements in the oscillztor and detector. Thelr studies
included the variastion of resistance and volarization with
voltages, amplification, and bridce pickup. Their modifi-
catioﬁs made use of lower voltages to reduce heating effects
of the current in the cell which, however, reduced the sen-
sitivity. To correct this they improved the sterv-up ratio of
the amplifier. This in turn resulted in increased distur-
vances, such as tube noise, electric circuit hum, etc. To
counteract these disturbznces they used wave filters, which
consisted of a veriable inductor and & variable condenser in
parallel with the televphone detector. )

In 1923%, Parker (25) stated thzt he had exverimental

proof that "cell constonts" were not really constant but vary
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with the resistance beins measured. In 1930, Shedlovsky (26)
undertook to design, builld, and test a new form of cell which
could be used to check the variation in '"cell constant" when
the nature or concenfration of the meagsured solution was
varied. (i.e., varisiion in mognitude of resistence). His
cell consisted of four electrodes vhich wers frec from errors
due to effects at the electrode which caused chonzes in the
"ecell constant. Thus cells with two electrodes could be
compared with the four electrode cell. In 1931, Jones and
Bollinger (27) also undertook the study of cell design to
investigate the wvariation of cell constant with resistance.
Jones termed this vhenomenon the "Parker Effect™ to dis-
tingiish i% irom polarization. The fact that the "Parker
Effect"™, a function of bridse deslign generzlly bheing used at
that time, was unobserved or at least unrevorted caused Jones
to state that susplcion was thrown on 211 »nrevious conductivity
nmeasurements of electrolytes 1na which the Konlrausch bridce
nethod hed been used. Harned and Owven (28) swanerized the
behavior somewhat as follows!:

"The carncitance of the cell is ordin~rily com-
pensated by o voriable coudenser in the orposite
bridege arn, oubt Jones and Bollinger showed thot if
thhe leads to tne electrodes are not widely senars-
ated from certain parts of the cell which contalin
solution, there 1s nroduced a capacitance by-path
of suchh 2 nature thoat compensation is not practic-
abhle"

It wos shown that this f2ult in cell design would nroduce an
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error which must wvary uvith the specific resistance of the
solution. This offered a ready explanation for the obser-
vatlon that the cell constants of certain cells show a slight
varlatlion with the conductivity of the solution. To ascer-
tain this point Jones and Bollinger went through a2 proof
wnich is much too elaborate to e given in detall, but in-
volved a variation of phase angle, frequencv, resistance,
degree of platinization and size of electrodes. It was in
this study th-t the modern day bridge design had its founda-
tion.

Ohn's Law is defined as
E = IR 5

where E is the notentlal applied across the ends of a con-
ductor, I the current, and R the resistance of the conductor.
The unit of the resistance is thus detecrmined by choice of

the units of potential and current. If E is measured in wvolts
and I in coulombs vmer second, l.2., amperes, then R is in
absolute ohms. Ohm found that R is directly proportiional to .
the length, 1, of a uniform, homogeneous conductor and in-

versely proportional to the cross section, A, so that,

Rz o

Pl

The wroportionality factore 1is defined as the specific
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resistance of the glven conductor in ohm cm. (and represents
the resistance of a conductor of 1 cm. lenrth and 1 cm.2
cross section).

The reciprocal 1k~ = L is termed the specific conductance

-lcm."l, (ana 1

ct

of the conductor; 1its dimensions z2re ohnm s
numerical wvalue 1s equal to the length in cm. of a conductor
of unit cross section which has a resistznce of one ohm).

hese relations are valid for electronlc conductors if
1t is assumed that constant conditions exist, particularly
with regard to temperature. In examining the applicability
of Ohm's Law to electrolytes, it was found that the current
which éasses thru an electrolyte solution is directly provor-
tional to the applied e.z.f., and thus Ohm's Law is obeyed..
The validity of Ohm's Law for electrolytes‘indicntes hat
the mohility and chérge of lons are independent of the strengthn
of the applied electric field.

Two sets of conditions are known, however, when deviations
from Ohm's Law occur. Debye and Falkenhagen, (29) showed
that if the freauency of the a2lternating current used in meas-
uring resistances 1s so high that the period of oscillation
of the ion is comparable with the time reauired for the for-
mation of the ion-atmosphere, the "period of relaxation"
effect will begin to dimiaish and the mowility of the ilon
increases with increasing frequencye.

The second set of conditions under which Onm's Law falls
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to hold was investigated by Wien (30). Wien showed experi-
mentally that at a sufficiently high field strength (3,200 to
300,000 w/cm.) the conductivity wns also observed to ilncrease,
The explanation is that the velocities of the ions become so
high, with these large fields, that the ionic atmospheres

are left behind entirely, and the ions move independently.

In 1931, Jones and Bollinger (31) published their fourth
paper on the measurement of the conductance of electrolytes,
with emphasis on the validity of Ohm's Law for electrolytes.
They demonstrated that 1f adequate exverimental precautions
are taken to avold errors due to heating, Lo polarization,
and to secondary effects of Inductance and capacitance, there
was no measurable variation of the real resistance of elec-
trolytes with variation of the applied voltage throughouf the
ranze of voltage and frequency sultable for use in the
Kohlrausch method of mersuring electirical conductivity and,
hence, Ohm's Law apnlies.

The rélation between the measured resistance across the
terminals of a conductivity cell and the specific conductivity
of the solution depends upon the geometry of the cell. To
avoid the nccessity of constructing cells of uniform and accu=-
rately known dimensions, a cell coustant, k, was lncorrorated

2nd is calculated by the equation

L = k/R 7
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from the measured value of R when the cell contains a standard
solution of knowa speclfic conducstivity, L. After Konlrausch
developed his method of measuring conductance of solutions by
an a.cs. bridsge, he (32) determined the specific conductonce

of standard KC1 solutions by mechanically determining the
cross sectional area, 2, and length, 1, of two cells (k = 1/a

in cm'l).

There wos, however, sone 2ambiguity in the manner
In which Kohlrausch described the composition of his standard
solutions. Parker and Parker (33) in order to eliminate an
inconsistency in units, nroposed a2 neuv concentration unit,
the denal. A dem2l, (written 1D), solution was defined as one
containing a gram molecule of salt dissolved in one cubic

Jiaiamet;;ibf solution at 0°.

" Jones and Bradshaw (34), using the latest vrinciples in
bridge and cell design, made new absolute measurements of the
specific conductivity of standard KCL solutions and these are
the gtandards generally accepted todsnye

An analysis of the errors due to polarization and thne
factors upon vhich polarization depends was renorted in a
paver on the grlvenic nolarization by altern~ting current pub-
lished in 1935 by Jones and Christian (35)., With the use of
a conductivity cell having a movable electirode ond micrometer

caliper to control and measure the sevar-tion, thery cane to

+the folloving conclusions. First, polarization resistance is

inversely proportional to the square root of the frequeacy;
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2) polarization causes a canacltance in gerles with the re-
sistance which decreases with incressing fre-~uency; 3) both
polarizatlon resistonce and volarization capacitance are
greatly denendent on the metal used for the electirodes and
devendent to a lesser extent on the electrolyte and temvera-
ture, but independent of the current density and separation
of the electrodes and uninfluenced by another superimposed

. current of a different frequency.

Although Kohlrausch (18) discovered that errors due to
polarizatlion can he minimized by platinizing the electrodes,
Jones and Bollinger developed a convenient and reliable
quantitative test for the quality and sufficilency of the
platinization. During this study they gove proof of Warburg's
law, that polarization resistance is inversely provortional -
to the square root of the frequency within the audio range.
A test of the effectiveness of the olotinizatlion could be

based on this law,
N .
Rg= Ry + K/(w)= 8

where Rs 1s the measured or apparent resistance of the cell
and Ry 1s the true resistonce of the electrolyte solution with
errors due to volarization elininated. Therefore, if the
measured resistance, Ry, is nlotted against the recirrocal of
the scuare root of the frequency, (GHW% a straight line should

be obtained, vrovided the othwer causes for vari~tion of
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reslstonce with freauency have been eliminated. The intercept
of this line on the axis of the resistance should give the
true resistance, The difference betwveen the onparent resis-
tance and the true resistaonce as thus determined pives the
error due to nolarization. This devends uvon the frecuency,
quality of the platinizotion and v»ossibly on other fzciors.
If the error as thus determined is insignificant the piatin-
ization is adecquate and no correction necds to e apmlied %o
the measured resistance to give the truwe resistance, The
platinizing solution used by Jones and Bollinser was composed
of 0,025 N HC1l containing 0.3% by weisht PtCl, and 0,0257% of
lezd acetate. The lead acetate was found to iuprove the
quality of the platinization.

A gre2t number of conductance studies have been regorted,
Of gpecial interest are those on galts similar to the ones
in the vpresent series. James and Monlkt (37) rerorted on the
conductivities of several 1-3 and 3-3 hexacyano corplex salts,.
In 1951, they (38) re-orted on the conduchtivities of sone
complex cobalt chlorides and sulfztes. Since the 1liniting
values of the chloride and sulfote vere knoun to a hizh degree
of accuracy, this mDernitted the evaluation of the linmiting
values for the complex tons. In »oth cases the results were
obtailned over a narrow concentration ronce, thus limiting tiheir
usefulness. The Owen (39) method of extrapolaticn was used

to obtain the limitirys volues and discsociaztion constants vere



calculated to exonlain *the results obtained.
In the »nresent study some of the s-me salis were studied,
but to much higher concentrstions, and =ddition~l salts were

also examined.



III. TAEORETICAL

In their zeneral treatment of electrolyiic solutions
Harned and Owen (40) present a detailed discussion of the
fundamental theorles and basic experimental methods involved
in studying electrolytic solutions. Robinson and Stokes (41)
also present a general trextment of this subject, but in
less detail. The present section will sive a brief resuné
of the theories and therrodynamnic bockground reoulred to
study the two pronerties with which this thesis is concerned.
Further amplification of this section can be found in the
two preceeding references,

The modern quantitative theory of electrolyte solutions
is based on thwe concept of the forces acting on the lons due
to the nresence of the ions themselves and external forces.
In its higher refinements the sizes of the ions and inter-
actions with solvent molecules are also coasidered. The
theory was founded by Debye and Hickel (20) in 1923. They
developed a theory for quantitotively ovredicting the devi-
ations from ideality of dilute electirolyte solutions Ty
naking use of the basic assuwmmtions that: (a) all deviations
of dilute electrolytic solutions result from the electrostatic
interactions between ions; (b) strony electrslvies are con-

pletely dissoci~ted into ions in dilute solution; (c) each
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lon con we treated as a poilnt charge; and (d) the dielectric
constant of the solution is the same as thnt of the solvent.
The fundemental idea, underlying the deductions, 1g that as

~

a consedauence of the electrical ciivractlion peitween iuns of
cpposite charge, there are, on the average, more ions of un-
like gign than of like sign in the neighborhood of any ion,

Every ion may, therefore, bhe resrcrded as beins

I
=

surrounded by
a centraolly symmetric icnic atmosphere having a resultant
charge whose sign iz opposite to thet of the icn itself,

The essential feature is the czlculation of the electrical
notential, ¥, at a point in the solution in terms of the
concentration and chorges of the ions -nd the rroperties of
the solvent. This was done by combining the FPoisson ecuation
(a general expression of Coulonb's law of force bhetvecn
charged bodies) of electrostatic theory with a statistical
distribution formula to formulate o “dictrivuticn function"
which giveg the probability of findinz 2 particle in a given
vosition relative to another particle.

Using the Poisson ecuation expressed in the speciaiJform
for the spherically symmetrical case, the electric-l »oten-
t121 Y at a distance r from a given spherical centr2l ion-j
is given as

>
1 Q;.ILEE!)-: - LTp,
F2c1.r-( T D £ 2
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where D 1s the dielectric constan

ct

of the solvent, Py 1s the
chorge density and thé subscrint J is attached to /}and'V’to
roint out that the moving J-ion 1s the center of the coordin-
ate systen.

Debye and Hiuckel asgsumed the Boltzmann distribution luw,
according to vhich, since the electrical notential energy
of an i~ion is zieﬂa, the averare loc~l concentration n{ of

the 1-ions =2t the —oint in cuestion is
4
Ny = ng exp (~.§1§_'§l’j 10

where n,; is the number of ions of svecies 1 ver cms, 23 the
charge on the i-ion, € the ch-rge on the electron, It the
Boltzmann constant, and T the 2bsolute temper-ture. Since

each i-lon coarries a charge zj €, the net charge density 1s,

sunming for all lonic specles
A= ‘L;nizie exp ("—éjz ngYJ) 11

By exrcanding the richi-hand side of equotion (11) into sn
exponential geries and considering only sclutions so dilute
that ions will rorely be very close together (i.e., z1€W3((kT7
211 terms of higher order than the second can be omnitted.

The first term of the expanded form ~lso vanishes since the

solution 1s electric~lly neutral, meining

% nyzy = 0O 12



Thus only the term linear in ¥ is lefi =and ecuction (11)

reduces to

- 22
= - n:zse<Y
/CJ § "*'I%Tg‘—-j

By substituting the expression just obtained for /Oj into

13

eguation (9) one obtains the Polsson-3oltzmann equation

.@__(Pzg-_"l_ﬁ = “21'2%
dx dr

where

K = 4“62 z nj_zie

v———

1z i

g

14

15

Ecuation (14) c2n be solved by substituting u :\l%r civing

dgu - K 211

dr<e
so that
u = ae"HT _ BT
or

16

17

18

A 2nd B are counst-nts and deternined Ly arnlyinz the appro-

priste boundary conditicns, namely that (a) "}’j = 0 wvhen r=;
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(b)"bothﬁﬂg and dﬂﬁ/&r must be continuous at r = a, where
a 1s the distance of closest approach of the other ions to
the central ion j. The solution of equation (18) under these
boundary conditions is
v, - zée,exp Ck(a - r)]

J r 1 + K= 19
This equation represents the Debye-Hiickel expression for the
time‘average_potential at a distance r from the J~ion of

valence 23 and in absence of any external force.

At r = a, the potential, given by équation (19) after

Foilere Ta SCE&

expansion an@ neglqu;ng higher terms, becomes Sy o Oam@ <
Vgt
where
Yo = %gi 21
and
V= e 22

Here'W% is simpl& the potential at a distance r = a due to
the charge zj ¢ in a medium of dielectric constant D and'wz*

1s the potential due to the lonlic atmosphere.

Knowing‘ﬂﬁ we can calculate the work that must be expended

o

‘A
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to charge the ions reversibly to the potential'ug, and this
work wlll be the free energy due to electrostatic interactions.
The extra electric free energy is simnly related to the ionic
activity coefficient, since both are measures of the devia-
tion from ideality. Thus for a single gilven j-ion the extra
free energy is equal to the additional electrical work required

to charge the Jj-ion, due to the presence of its ion-atmosphere,

to the required potential'ﬂgﬁ. Hence
23
AF = w = kT 1n T, :f \E*d(zje) 23
O

Substituting ecuation (22) into equation (23) and integrating
vields

-kT 1n f3= - 7.%¢2 K

30 I & Ka 24

The quantity K was defined in ecquation (15) as

2 2 2
K= ATES Y ngzy
= DxT 3 15
and has the dimensions of reciprocal length. The relation-
ship between the conceniration ny (ions per cc.) and Cs the
concentration of an ilon in mols per liter of solution, 1is

expressed by

C‘i = 1000 n
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where N ie Avogadro's rumber. Consequently, by defining the

"$onal" concentrotion as
-— 2
[ ._}i'_ Cy2q 26

or in the important special case of solutions containing only
a single electrolyte, which dissociastes into only 2 kinds of

lons
- 2
r\_c:\)jzj 27

then

K = ( AﬂeQNP)'?é'
1COODKLT
Although there 1s no way of measuring the individual
activity coefficients, it is nevertheless convenlient to have
the expression for the activity coefficient of an electrolyte
in terms of the ions into whiech it dicsociates. For the
ceneral case of an electrolyte A .B,. dissociating into 3,

cations and vy_ anions, the mean rationcl activity coefficient

may be defined

£,

1]

f1/¢ = (f;) LTI RERVA :(

O
1+ Q

1
t) VA 29

with

V= Ve YO 30
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and the mean lonic activity defined by

a, = (a.:)"a,__“"")l/'b = al/'° 31

and the mean ionic concentration defined by

e, = (e d)1A = 1A %2

Thus by combining ecuations (24), (28), and (29) and
chaensing into common logarithms the expression for celculating

mean actlvity coefficients in dilute solutions i1s obtained.

log £, = - S{f)lc -
°6 T2 1+ 4 éc 2 X

wnere

2
5(£) = 2,303 §93ZJ2)3/2e2K

34
and i1s the Debye-Hickel 1limiting slope and
A' _ 8K10:8 =5
: (c)= -

where 9 is the distance of closeat avprroach expressed in
Rngstrom units, Harned and Owen (42) have calculated the
nunerical values of S(f) and A'/S for aqueous solutions at

259 for different salt types.
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So far, the fundemental theory necessary for treatment
of the ionic atmosphere has been considered and applied to
the calculation of the limiting law for the variation of
activity coefficients. By addition of further concepts, such
as appllication of the general ecuation for continuity to
irreversible processes, it 1s possible to formulate exact
equations for computing the electrostatic contribution of
Coulomb's forces to conductance of dilute electrolyte solu-
tilons. The development of the theory is due to Debye and
Huckel (21), Falkenharen (29), ond Onsager (43%).

It will be remembered that Kohlrausch showed that, in
dilute solutions, the conductivities of strong electrolytes

could be exprescsed empirically by the ecuation
+
A= Ay - k(N)= 3

This ecuation was also obtained for dilute solutions from the
ion atmosphere theory, by Debye and Hlckel., The reason why
it aprlies only to the limiting case of very dllute solutions
is apparent from the 2ssumptions which nmust be made in de-
ducing it.. Debye and Hiickel first showed that, as a con-
gsequence of the ion ztmosrhere which form around any ion,
this ion is subject to tvwo retording influences when it moves
in an electric field (21). First, vhenever the ions of an
electrolyte 2re subjected to an electrical fleld disturboncs,

the centra2l ion moves relative to its lonic atmosphere =2nd
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hence the latter no longer possess a symmetrical structure,
l.8., there is a change in the churge density. This is known
as the dissymmetry effect., If the disturbing force is suddenly
removed, the lonic atmosphere will tend to revert to its
normal equilibrium condition with a certoin velocity. The -~
finite time required for change from the disturbed to the T
normal condition is called the "time of relaxation".

The second electrical action that lowers the &obility
of the ions is called the electrophoretic effect. It arises
In the following manner; the ions comprising the atmosphere
around a given central ion are 21so under the influence of
the applied field and hence are also moving and, on the
average, in the opvosite direction., Also, since they are
solvated, they tend to drag along with them‘their associéted
solvent molecules, which results in a net flow of solvent in
the direction opposite to the motion of any given solvated
central ion. The central ion is thus forced to nmove against
this countencurrent, which accounts for its lower mobility.

A 1limiting law has been calculated for conductance SEC;,
electrolytes using methods similar to those used in obtain-%)
ing the limiting law for activity coerficients., However, ’
the conductivity limiting law 1is a result of the two efflects
which slow down ion mobilities, i.e., relaxation and electro-
phoretic effects.,

The limiting law for the relaxation effect was first
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develovned by Debye asnd Hickel (21) but treanted more siccess-
fully by Onsager (43), usins an incomplete expression for
potentlal and assuning »Doint charses. Falkenhiasen and co-

workers (44) extended and modificd the theory in order to

n

make allowances for the Tinlte sizes of the ionse.

The computation of the concentration-dependent electro-
phoretilc effecls also requlires the use of the distrimution
function, but iIn this case with a disturbed symmetry. The
Boltzmann distribution, or a sinilar distribution, ic ogain
assuned and Stolzes' law for the notion of o sphere 1In a vis-
coug fluid is then_applied. Its apnlication arizses in the
calculation of the wvelocity of the counter-current which the
centr=l ion experiences due to the electric force applied.
It 1s assumed that the entire charse, (-zie) of an ionile
atmosphere is found at a distance 1/K from the central ion
and is distributed on a spherical shell of the radius 1/K.

By combining the two effects, the final velocities can
be colculated. The velocity of the lon under a »otential
gradient of unity zives the ioniec wodbility, which, when multi-
plied oy Faraday's constant, F, sives the lonic conductance.

Since

A= e+ A- 36

Ll

the limiting lav exprescsion may be formulated. In its Tinal

fora the limltin-~ lav (for the condnetance of electrolytes
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dissociating into two kinds of ions in fields of lov frecuency

and magnitude) may be written

A= Ny — SayN)? 37

where
3% e
S(ay= X A +83 38

and represent the limiting slope. For aqueous solutions at

25° the constants nre defined as follows (45),

A = .2289w'Q 39

and

/3 * =z 60.19&-3% 40

The foctors w', w™, and Q are valence factors and defined by

ol

w' = Jz1zo) (lz120]19/2) 41
*

w :.'(Izll.____eg |z %&ngz\y 42

and

Q

*
- q
~ 0.2929[1 + (d™%] 43

The parameter q* which appears in the definition of Q is

glven by

a®* — 21251 (A1° + As°)

Tzal = |22V z2lA® + 1211 Ag°) "

The Onsazer conductance egquation is one means of comparing
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theory with experimental results. Several extensions hove
been used for extending the range in which the Onsager
equation can be used. One such extension considers the
introduction of finite discociction constants to interpret
the conductunce of electrolytes which fall below the limit-
ing law in dilute solution (46)es The reciprocal of the

lonization constant of the associated i1on pair is given by

K-i_ man [zq2 2)BQ(’D)
- 1ooo( %k@ 45

Q(b) is an integral in terms of the function b, where b is

given by
b = €2/8DkT 46

Values of Q(b) have been computed by Bjerrum and by Fuoss (47).
However, it was pointed out by Krauvs (48) that all negative
deviations from Onsagers equation can not be agcribed to ion
agsociation.

Another extension is based upon estimating the effects
of the mathematical simplifications used in deriving the law
and correcting by the addition of two terms of order higher
then (c)f. Assuming complete dissociation, Onsager and

Fuoss(49) and Fuoss (50) have shown that such terms appear

ag follows

A= A° - (N 4 B)W)Y « AN 1og N + BN 47
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where the constents A and B are semi-empirical and only in
the case of symmetrical valence types has much success been
found for their theoretical explanstion (51). Rearrengement

of equation (47) to read

[./\+ CW +%*)(N)f3‘ -./L°] = A log N + B 48

shows that a plot of the bracketed terms ageinst log N per-
mltes evaluation of the constants A and Bs, A nlot such as
this 1s known as an Owen (39) plot and is used to obtain the
value of A° when ordinary extrapolation procedures do not
yield sufficlent precision. A preliminary value of A°
i1s selected from a rough extrapolation of A versus (N)%.
This value is then used to calculate A+ (A9 & B¥)(N)2
which remein constant while the selection of a N° to best
fit the Owen plot 1s found. This final v=lue of N° is thnen
used to calculate more accurate values of A+ (CAS + 8%) (1)
and the procedure repeated until a value of A° is obtained
which will express the data by equation (48) to the maximum
concentration and yet within the limlts of experimental error,
The third possibllity for extending the Onsager conduc-
tance ecuastion is by purely empiricel extensions. A& summary
of these and other conductance equations can be found in

reference (52).

The activity, a, of a pure chemical solute in a solution



36
may be glven a general definition Ly the eqguation
— o - [

where Fi refers to the increase in total free energy, F, when
one mole of component 1 is added to an infinite amount of
solution at fixed temperature, pressure, and with the number
of moles, Nys My o o e N(3 o 1)y of 2all other components
kept fixed. F4° i1s the partial molal free energy in some
arbltrary state.

Before the activity can be given a definite nunerical
value the standard state must be clearly and unambiguously
defined. For electrolyte solutions, the standard state of
the solvent is the pure solvent at the same temperature and
pressure as the solution. For electrolytes, however, the
pure solute 1s not a very practical choice, since it is often
a 80lid with properties very different from those of solutions.
For electrolytes, the standard state is a hyrothetical sol-
ution at unit concentration and at the tempersature and pressure
of the solution (i.e., 25°C. and one atmosphere), and has the
property that the mean lonic activity coefficient approaches
unity when the concentration is reduced to zero.

To obtain a more sensitive measure of the non-ideality
of solutions in terms of the solvent, Bjerrum (53) intre-
Auced the concept of osmotic cocefficients. He defined the

practical osmotic coefflcient, ¢, for an electrolyte



dissociating into ) ions as
Fq - F1° = -@RTomM; /1000 50

where the subscript 1 refers to the solvent and Iy is the
molecular weight of the solvent. Combining ecuations (49)
and (50) yields

In a3 = -f¥mMy /1000 51
The activity of the solvent can be expressed as
ay = DP1/P, 52

where Py is the wvapor pressure of the solution and Po that for
the pure solvent. Strictly speaking, the ratio pl/po should
be replaced vy the ratio of fugacities, fl/fo. However,

since the vapor pressure of electrolyte solutions =2nd solvent
are of simlliar megnitude, the deviation of py from fi and

Py from fo are equal to within an amount less than experimental
error in measuring pressures, After solutlions of two different
salts have been allowed to ecullibrate through the vapor phase,

an l1soplestlc conditlion exists in which

1(m) = ®1(aR) 53

where aj 1s the solvent activity and m is the molality of the
solution under investigation and mr 1s the molallty of a ref-

erence solution in which the activity or osmotic coefficient
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18 known as a function of concentration. Thus for isopiestic

solutions one obtains
¢ = drirmg
o 54

which permits the calculation of osmotic coefficient of a
golution in terms of the corresponding property of the ref-
erence solution.

The method of graphical integration given by Lewis and
Rendall(54) or the following expression obtained by Randall
and White (11)

log ¥ = - (1-8) fmgl - $ra(m)®
2 303 2.303 303 m)e 55

permits evaluation of activity coefficient from osmotic co-
efficients.

Since the lower concentration limit for which data can
be obtained by the isoplestic method is around O.lm, some
form of the Debye-Huckel equation must be used to extend the
(1 - ¢)/(m)% versus (m)® plot to infinite dilution. One
method, developed by Scatchard (55) involves calculating the

osmotic coefficient from the expression
&
(1 - ¢)calc. = 0.76768(f)op(m)* + 3Bm - (@B)g o0theq 56

where the (4¢)gmoothed is obtained by the method of Scatchard
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and Prentiss (56), which was used in treating freezing point
data, and represents a smoothing of the experimental data.

Here the Sp(f) is defined by
_ i
Splf) = 8(g)(ay)® 57

where S(g) was given in equation (34) and d, is the density
of water. The constan o 1s a function of A' (equation 35),
with the numerical values available in tabulated form (57).

Eh
The 4Bm term 1s equal to the slope of a‘-{E}-- ¢)/(m)%]obsd -

[(1 = ¢)/(m)%]calo:? against (m)® plot and is used to represent
the data at higher concentrations. Numerical valueg of B

and Am' (= A'(do)%) are chosen so that the deviation, &@, is
not. large at any concentration. A wvalue of ﬁm' is selected

by trial which permits the equation
(1 - 8)/(m)® = 0,76768p(5)0og 58

to gilve the best fit of the experimental data at the lowest
concentrations.

So long as the osmotlc coefficients can be calculzted by
equation (56) and the deviations are small, the activity
coefficients can then be calculated by the method which Smith
(58) used in treating solutions of sodiun chloride at their
boiling point, namely,

e
1n ¥+ - 2.3O§Sm"f}§g22 - Bm + Caddn + A
TT T A (m)E o m 59
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The two terms containing AP are evaluated graphically. If
the 89 term is not small or if 1t is applicable over too
nerrow a concentration range to warrant 1ts use, the method

of caiculating the osmotic coefficients is not used. The
activity coefficients are then calculated by graphical in-
tegratlion of ecuation (55) with the experimental plot extended
to infinite dilution by means of ecuation (58).



IV, EXPERIMENTAL

A.. Raw Materials: The following is a list of the reagents

~ uged in this worke.

Ammonium Carbonzte, (NH4)oCO0s, Fischer Scientific, C.P., Reagent
Ammonium Chloride, NHyjCl, Merck Reagent Grade

Apmonium Hydroxide, NHzOH, Mallinckredt Anzlytical Reazent
Barium Chloride, BaCls*2H50, "Baker's Analyzed™ Reagent
Cobaltous Chloride, CoCls*6H-0, Mallinckredt Analytical Reagent
Cobaltous Nitrate, Co(NOx),5°6H50, Mallinckredt Anzalytical Reagent
Calcium Chloride, CaCl,, llinckredt Analytical Reagent
p-Dioxane, ?EHQCHQOGHQ Ho, Eastman Orgenic Chemicals, Practical

Ethylenediamine, NH,CHoCHoNHo, Eastmen Organic Chemicals
Hydrochloric Acid, HC1l, "Baker's Analyzed" Reagent

Nitric Acid, HNO:, "Baker's Analyzed" Reagent

Perchloric Acid,”70% HC10y, Mallinckredt Anclytical Reagent
Phosphorous Pentoxide, PoOr, Mallinckredt Analytical Reagent
Potagsium Chloride, KC1, Mgllinckredt Analytical Reagent
Potassium Cyanide, KCN, Mallinckredt Analytical Reagent
Potassium Hydroxide, KOH, Fischer Scientific, C.P. Reagent
Potagsium Pernanganate, KMnOyp, Mallinckredt Anzlytical Reagent
Propylenediamine, GHBGHNH2GH2NH2 Eastman Orgenic Chemicals
Silver Nitrate, AgNO%, "Baker's Anclyzed" Reagent

Sodium Bisulfite, NaHS0z, Mallinckredt Analytical Reagent
Sodium Hydroxide, NaOH? Mellinckredt Analytical Reagent
Sulfuric Acld, H,S80y, "Baker's Analyzed" Reagent

In addition to the above, dilistilled (or conductivity) water

and C.P. grade ethanol and scetone were employed.

Ce Preparation of Compounds:

Potassium hexacyanocobaltate(lll) wa.s prepvzred according

to the procedure as given in Inormanic Syntheses (59). Two
methods of purification were used, and conductivity results

from each were found identical., One method was repeated
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fraction~l precipitation with diox~ie from conductivity water
and the nrecipitate dried in a vacuun deslceabor over P205.

The second, was recrystallizaition three times from conductlivity
water and then the precinitate was stored over anhydrous CaCl,.
The anhydrous form results with either method 2nd was the form
used in this worke.

Tris(propylenedlamine)cobalt(III) percihlorate was pro=-
pared by a quantitative metathesis reaction betueen Co(pn)3613
and AgC104 in aqueous golution., The Co(pn)3C13 vas prepared
by the method used by Jenkins and lMonk (38). The anhydrous
oropylenedianine used was made from T0% provylenediamine by
the method of Rollinson and Bailar (60)}. The silver perchlor-
ate was prepared by reacting an excess of Ag,0, nitrate free,
with O,1M HC1Oy;. The resulting AgClO, solution was separated
from the excess Agp0 by filtration, diluted, and anzlyzed by
AgCl precinitation. An agueous solition of the comnlex
chloride was then quantitatively titrated with AgClO4, making
sure no more than one or two drowvs excess were added. The
AzCl was filtered off after digestion on a steam bath for one
houre. The resulting Co(pn)3(0104)3 solution was then con-
centrated by evaporation and the Co(pn)3(0104)3°H20 precip-
itated by addition of ethyl alcolhol. The salt was recrystal-
lized a mintmum of threc times from conductlvity water and
dried in a vacuwl oven at 90° until the anhydcous form resulted,

Trig(ethylenediamine )covnlt(III) nitrate was prepcored by
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a quantitative metathesis reaction between,Co(en)3013 and
AgNOB. The Co(en)3013 vas nrepared according to the pro-

cedure found in Inorganic Syntheses (61). The metathesis

reaction wvag carried out as above using AgNO3 in place of
the AzC1l04. The Co(en)B(NOS)3 was recovered by evaporation
of the Tiltrate and was dried until the anhydrous form re-
sulted.

Tris(ethylenedinzmine Jeobalt(III) sulfate was prepared
from Co(en)3013 and H,50, using the method described by
Meyer and Grohler (62). Co(en)3C13 was dissolved with stir-
ring in ice-cold concentrated H,50,. The nixture was then
placed in a vacuun desiccator for 24 hours over concentrated
HoS50y. A beaker of KOH pellets was also present to remove
the escaning HCl. The solution was then cooled with ice and
ice-cold ethyl alcohol was added. The precipitate which
formed was filtered and dissolved in 20% ice-cold H2304 and
agalin precipitated with ice-cold ethyl alconhol. After fil-
trating, the precipltate was dissolved 1n water. Addition
of ethyl alcohol caused an oil to form which crystallized
after veing rubbed with a glass stirring rod. The tetra-

hydrate form resulted.

C. Apparatus and Procedure:

1, Isopilestic measurements: The opparatus and pro-

cedure used has bezn described by Brubaker (16,63).



Duplicate samples of two colutions were run tojether, one
belng the reference salt, KC1l, and the other the sa2lt uader
Investigation. When duplicate sam:les asreed to within three
parts per thousand in molality, the salts were considered 2t
gquilibrium. The constant temperature bath was controlled

at 24,978 + 0.005°C,

2+ Conductance lMeasurements:s The resistance measurements
were made with an A. C. bridge essentially of the desizn of
Jones and Bollinger (24,28), The actual bridse was designed
by Thomnson and Rogers (64). The oscillator used permitted
resistance valueé to be taken at five frequenciess over the
range 400 cycles per sec. to 5,000 cycles per sec. An og-
cilloscope was used to determine the balance voint. Before
each run the value of a standard resisitionce was checked to
ensure that the brlidge was functloning properliy.

The cells were neld at a constont temperature of 25.00 =+
0.015°C, in an oil bath. A group of three cells, with cell
constants of about 0,3 cm'l, 1.0 em~1 2nd 30 cm'l, were used
to cover the concentration range 1 x IO'AN to 3 x lO"lN; For
the higher concentrations a Leeds and Yorthrup type B con-
ductance cell (cell constant about 30 cm'l) was used. The
other two cells were similar to the erlenmeyer itype described
by Daggrett, Bair, and Kraus (65). A Leeds and Northrup type
A conductance cell wag sealed to a 500 ml. erlenmeyer flask

which had the added feature (introduced by Dye) of two
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stopcocks., One gtopcock was atiached to the cap, and the
other to an added side-arm. This permitted the introduction
of carbon dloxide frec conductivity water directly from %he
distilling appraratus under a pressure of nitrogen. Also, a
steady stream of nitrogen was permitted to flow tiarouzh the
cell when the top was rcmoved for making additions to the
solution, The cell constants were determined using aqueous
potassium chloride solutions (66).

The electrodes were 1lightly platinized using a current
of about 20 milliamps. for 40 seconds, with the polarity re-
versed every 10 seconds. When the varlation of resistance
with frequency owver the range 400-5000 c.r.s. (equation 8)
was greater than approximately 8 ohms, the electrodes were
re-cleaned wilth fuming nitric acid, rerlatinized and the cell
constant redetermined.

The conductivlity water was wnrepared by the method des-
cribed by Vogel (67). First, water in ecullibrium with the
carbon dioxide in the atmosphere was prepared by dlistillation
from an alkaline potassium permanganate solution of demineral-
1zed water. This was then redistilled in a distillation
apparatus through which nitrogen wos flowinc., The woter pre-
pared in this way had a specific conductivity of approxim-
ately 0.6 x 100 onm~tem™t.

For the dilute solutions the erlenmeyer type cells were

used. The water was forced into the veighed enrty cell by
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means of nitrogen pressure. After reweiching the cell and
water, the exact weight of water was calculated. The cell
plus water then placed in the thermostat to permit deter-
mination of solvent conductance. Then successive vortions
of a stock solution were added. The contents of the cell
were then thoroughly mixed and the cell replaced in the bath.
The attainment of temperature ecuillibrium was indiccoted vhen
successive resistance readings checked to within 0.01%, The
registonce values were then recorded. The cell was removed
from the bath and contentis remixed. The contents were again
allowed to reach temverature equilibrium and the resistance
values rechecked. ‘Remixing of the solution continued until
the successive readings checked to within 0.01%.

For the hizgher concentrations the stock solutions were
added directly to the lLeeds and Northrup typme B conductance
cell after the cell had been rinsed several times with the
golution. The regsistances were recorded after equilibriun
was reached and the nrocedure repeated for new portions of
the solution in order Lo check the rinslng procedure.

Densities of solutions of the compounds were also meas-
ured in order to be able to transfer nolality d=ta to volune
concentration., They were determined at 25°C. with a pycnom-

eter and are revresented by the equation

d = Am + 0.99707 60



The values of A for the various electrolytes are found in

Table I .

TABLE I

VALUES OF THE COWSTANT A OF EQUATION 60

Electrolyte
Colen)(NOz)=
Colpn)3(C10, )

@o(en)3]2(304)3

A
. 1945
2558
+ 1862
« 3740

47



V. RESULTS AND DISCUSSION

A, Isoplestic

The experimental results are given in Toble II as molal-
ities of the isopiestic solutions znd the corresronding osmotic
coefficients, which were calculated from equation (54) using
known values of potassium chloride solutions. From the ex-
perimental results glven in Table II the sctivity coefficients
glven in Table III were calculated using one of two methods.
The first method tried in all cases wasg that employed by Smith
(58) for treating sodium chloride solutions at their boiling
points.

In ¥, =- 21,333%3. ‘fm)(g)% - Bm + j;méﬁl@dm + AP 59

m

The application of this method depends upon the calculation

of osmotlc coefficients using the expression

. 2
(1 - ¢)calc. = 0'7676Sm&f)cﬁ(m)" - #Bm - @A¢)smoothed 56

This revresents the Debye-Huckel exrression for osmotic co-

efficients with a linear term of 4Bm to represent the data at

higher concentration (55).

In the actual solutions there exist interactions other

than those considered by Debye and Huckel in deriving the



TABILE IX

ISOPIESTIC MOLALITIES AND OSMOTIC COEFFICIENTS
OF ELECTROLYTES AT 25°

Co(en)B(NOB)3 Co(pn)5(C10,)

Dov. Poosa. Dav. Ponsa.
0.03055 0.6918 0.05747 0.6693
05267 «6789 . 06898 . 6603
08276 6468 . 09056 6424
.1266 $6241 <1117 6270
«1349 . 6098 <1336 .6098
1574 « 5952 .1548 « 5984
.1853 ¢ 5795 .1659 <5894
.2587 «5410 . 2027 <5719
«2612 « 5408 . 2243 «5629
0 2749 «5361 «2502 « 5523
2578 « 5464

.2612 « 5498



TABLE II, continued

K3CO(GN)6

Tave P ovsa.
0.03035 0. 7479
0.07393 «TOT5
0.1508 «6926
0.2730 «6819
C. 4571 «67T768
0.5828 6768
0.6775 « 6804
07309 « 6857
0.7667 <6876
0.8172 6918
0.8497 . 6924
0.9507 « 7007
1.026 «T063
1.082 <7116
1.217 . 7258
1l.223 « 7305
1.235 7331
1.306 . T421

1.311 « T425

[So(en)s], (50, )z
Bavre ¢obsd.
0.08160 062613
« 1453 « 2417
« 1489 «2379
2407 « 2027
3504 « 1705
. 4580 « 1705
« 5004 . 1681
«6190 o 1641
«8993 .1862
1.003 «1993
1.064 « 2043
1.252 « 2259
1.298 « 2310
1.429 «2499
1.536 2622
1.800 «2979
1.844 «3050

50



TABILE III

MEAN ACTIVITY COEFFICIENTS AND SMOOTHED OSMOTIC
COEFFICIENTS OF ELECTROLYTES AT 25°©

Co(en)B(NOB)3 Co(pn)3(0104)3

m ¥y @ s @
0.01 0.505 0.7980 0.513 0.T7967
«03 « 357 . 7185 . 368 7156
.05 296 .6832 305 L6787
.07 .258 . 6592 . 266 «5563
« L0 . 222 «6338 .228 .6351
15 . 184 «5995 .189 5003
« 20 .158 « 5709 163 «5T40
.25 . 140 . 5465 L1145 .5527
2612 <141 . 5498

.2749(satd. ) <133 «5361



TABLE III, continued

KBCO(CN)G [Go(en)3]2(804)3
m £ 2 8- g
0.01 0.522  0.9126 0.152  0.4787
.03 .385 L7487 L0654  ,3418
.05 . 323 7116 « 0440 . 2947
.07 .293 . 7089 .0339  ,2761
.10 .260 .6968 L0256 2569
.15 .228 .6902 .0186  .2393
.20 .207 6838 .0146  .2219
.25 .193 .6830 .0120  .2040
.30 .181 .6801 .0102  ,1872
.50 «153 6758 . 00648 .1685
.75 135 .6887 « 00462 .1686
1.00 .127 . 7055 .00381 .2100
1.20 .123 7284 .00337 ,2291
1.30 J122 cT42L .00%20 ,2385
1.311(satd.) .122 7425
1.50 .00294  ,2625
1.75 .00272  ,2962

1.844 . 00265 3047
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limiting expression, (e.c., short range interazctions between
ions and solvent molecules). Thus by including o term linear
in concentration, a2 more thecretically significent result is
obtained in which the parameter £ is not forced to t ke some
‘of the responsibllities of the linear term.

By adjusting the values of 8 and B to fit the experimental
curve, expressions could be obtained which would give a better
fit over a smaller concentration range, or a poorer fit over a
greater range. The wvalues of 8 and B which were found to fit
best the experimental data over the widest concentration range

and with reasonable sccuracy, are given in Table IV,

TABLE IV

VALUES OF THE PARAMETERS 8 AND B USED
IN THE SMITH METHOD

Electrolyte B 8
Co(en)B(NOB)B (0.480) (3.45)
Colpn)5(C10y )5 0.971 3483
KBCo(CN)G (0.131)  (4.13)
[colen);1,(50,)5 (0.792)  (2.61)

The wvalues for three salts arse in parentheses to polnt out the
fact that the method was not found to reproduce the experl-
mental deta with sufficient accuracy over a concentration
range large enough to warrant 1ts use. A comparison of the

observed osmotic coefficlents for Co(pn)3(0104)3 and those



54
calculated from equation (56) are tabulated in Table V.
TABIE V

ISOPIESTIC MOLALITIES, OBSERVED AND CALCULATED OSMOTIC
COEFFICIENTS OF Co(pn)3(6104)3

Bove ¢obsd. ﬁcalc.
0405747 0.6693 0.6778
« 06898 6603 <6633
+ 09056 <6424 <6418
21117 «6270 «6259
«1336 6098 «6099
«1548 <5984 «5973
.1659~ «5894 <5910
«2027 <4719 5718
. 2243 <5629 «5616
« 2503 «5523 « 5498
«2578 5464 <5466
e 2612 .5498 <5450

When the Smith method was found unsuitable, the second
method, that of Rendall and White (11), was applied. In this
cage the activity coefficients are determined by gravhical

integration of the equation

In ¥, = —(1-—¢)-2f

m ¢ %
(l—é;— dm 61
0

n=e
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The extension of the function (1 - $)/m? vs, m? to infinite
dilution was carried out by means of the Debye-Huckel equation

and required thst the parameter 8 have the wvalucs recorded in

Table VI.

TABLE VI

VALUES FOR 8 DETERIMINED BY THE METHOD
OF RANDALL AND WHITE

Electrolyte g
Colpn)5(C10, )5 (3.16)
KBCO(CN)G 4,01
[colen);], (80, 3,43

The value for the‘Co(pn):,}(ClOAL)3 is in parentluesis to show
that 1t would be the value reocuilred if the Rands1ll and White
method had been applied.

It was found in both the present study and in that by
Brubsker (16) that the activity coefficilents calculated by
either method differed by only abvout one per cent.

A comparison of the 8 values obtained by the two different
methods shows that the method of Rendall and White yields the
lower values., This is to be expected, since the linear term
wag obtained from the deviation between experimental and cal-
culated date. The 8 was then increased to vermit the #Bm

term to be added and have the resulting expression still it
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the experimentsl data.

The linear term alone avpears to be insufficlent to
account for the deviations from the Debye-Hiickel expression
and a better reproduction of the data could possibly have
been obtalned by introducing further criuitrary terms in hicher
powers of concentration so that the &9 would remsoin small ot
the higher concentrations.

The limiting value for (1 - @)/mZ is given by the Debye-
Hickel theory as 2.868 for 1-3 and 3-1 valence type elec-
trolytes and 9.069 for the 3-2 type. Since the objlections
to the theory iIn finite concentrations wvanish as m approaches
zero, these liniting values of (1 = ¢)/m% should not be sub-
Ject to errors greater than those found in the experimental
techniques used to evaluate the various constants found in the
limiting expression, such as the dielectric constant of water,
etec.

A fundamental equation of the Debye-Hiickel theory was

shown to e

Py =L nyZy€ oxp -2 5€;7¥) /1) 11
The higher order terms neglected by the approximation

exp (-Ej'\}'j/kT)c: 1 - &Y uT 62

are functions of the valences of the ions, and while nearly

negligible for 1l-1 electrolytes, increase markzedly in magnitude
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when the charge on the ions increases. The exact determina-
tion of the effect of extended terms of eguation (11) is very
difficult, since it is obscured by other factors present (68).
On the oasis of & complicated methematical treatment orasented
by Gronwall, LalMer, and Sandved (69) and the simpler ion-
agsoclation theory of Bjerrum, large deviations from the
Debye~IKickel first approximation are to be expected for poly-
valent electrolytes. By considering the electrolytes in view
of Bjerrum's theory we see that if r, the nminlmun distance of
approach o% two ions ol opposlite sign, is greater than
b =:62|z122|/2DkT, then the probavility of lonlc assoclation
l1s negligible, For 3-1 and 3-2 slectralytes, b equals 10.5
and 21 R, regpectively. Since these values ars much greater
than 8 for the electrolytes studied (Tanles IV and VI) con-
siderable ionlec assoclation of the Blerrum tyvpe could be said
to exist. 1In any case, the 8 vazlues are small and do not
approach the values to be expected from crystallographic radiil.
The concentrationg of the saturated solutions of the
CO(en)B(NOB)B'H?O and K_jGQ(GN)Gwere found to be 0.2749 and
1.311 m, rvespectively. The conversion of the undissolved
Co(pn)3(6104)3 o the monohydrate in equilibrium with the sat-
urated solutlon was slov and its solubility was not determined,
but is estimated to be 27 e The hishest concentration em=-
ployed for the [?o(en)3]2(804)3 was limited »y amount which

could be weizhed conveniently into the dishes.
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Tae logarithms of the 2¢ctivity coefficients glven in
Table III are plotted in Fizure 1, alons with the values ob-
tained by Brubaker (15) for Co(en)3813. By definition, ¥,
1s unity at infinite dilution for »ll electrolytes. In any
case,K&&iecraases rapldly with increasing molality at low
values of m. The stecpness of this initial drop, however,
varies with the valence type of the electrolyte as is exen-
oliflied by the 3-2 salt behavior. The activity coefficients
of the Co(en)B(N03)3, Co(pn)3(0104)3 and Co(en)3013 are all
within about 2% of each other and are represented by one
curve until approximately .09 m., Althoush the actlvity
coefficient data does not show the vresent 3-1 salts to be
very “strong" electrolytes, they are very similiar to the
values obtained for the Co(en)3013. Data such a2s this
would seem to indicate the possibllity of estimating the
activity coefficients of similiar slze and charge type con-
plexes.

With the [@o(en)3]2(504)3 the extrapolation 1s some-
Wwaat wicertain, but the results are of the right order of
ma-nitude with other 3-2 electrolytes, such as 312(504)3

ond Ins (50,)5 (70).

B, Conductivity

In addition to the l1lsopnlestic measurements of activity

coefficlents it seemed desirable to try to determine the



0.50

020

59

Co(pn)3(3104)3 \\1.

Co(en)B(NOB)B

1 oten),],(50,),

KBCO(CN)6
O

uo(en)3u13

Q[



60

dlstance of closest approach parancter, 3, from conductivity
measurements, as was done by Dye and Spedding (1) for the
alxaline earth and rare earth salts., This would have enabled
one to substantliate the values of 8§ by a second and indevendent
method,

From the experimental results given in Table VII, the

'
values of A, were calculated by the method of Shedlovsky (71).
' i
Ao =N - S )N= 63

The extrapolation to infinite dilution of the_Ab' valueg as
a function of the square root of the normality, can then be
used as an indication of the applicability of the Onsager
limiting law since the theory is being followed when the slove
of the curve 1s zero. It was found, however, that for all the
salts studied the slope was not zero, but had a decided up-
awlng., The unswing, from the curve minimum to the llimlting
value, was observed Lo vary from a maximum of about 42.2 con-
ductance units with the [9o(en)3]2(804)3 to a minimum of 1l.24
for the KSCO(CN)6' Althouzh the technigue of Dye and Spedding
can handle a slizht upswing, the magnitude of the deviatlions
found with the presen£ salts 4id not permit the 8 voraneter
to be calculated by this method.

The observed values of the linmiting equivalent conductance
obtained by the Shedlovsky method are ziven in Table VIII,

The value for the sulfate is in pareatheses to show that the



TABIE VII

EQUIVALENT CONDUCTANCES OF ELECTROLYTES AT 25°

Nx102
0.17248
<32775
.50322
55665
« 79662
1.0990
1.2053
1,2057

Nx102
0,098169
.18140
.29019
+30%63
.31845
« 43830
.51138

Ao
141.87
140.23
138.78
138,36
136.99
135.18
134,50
134.60

.
129.05
127,88
126,61
126,44
126.40
125.26
124,74

Co(en)B(NOB)3
Nx102 A Nx102
1.3817 133.80 3.2064
1.6524 132,61 5.3353
1.8254 132,01 6.2610
1.8907  131.79 9.9483

2.2708  130.28 29.627
2.6028 129,42 78. 432
3,1044 128,05 211.58
3.2343  127.66  288.89

Colpn)5(C10, ),

Nx10° . Nx1.0>
0.84051 122,78 4,3566
0.,86718 122,69 5.563%5
0.98445 122,32 7.0419
2,1662  117.86 8.8596

3.3393 114,75 19.289
3.3528 114,78 27.267

N
127.49
123,15
121,65
117.20
102,19

88.285
T4.213
69.812

A
112,77
110.79
108,49
106,18

98.637

94,587

61



TABLE VII, continued

K3Go(GN)6
Nx103 A Nx103  _A_ Nx103 A
0.51600 164,81 1.7722 158,17 6. 4080 148,34

0.66384 163.76 1.8225 158.10 12.563 141.93
0.67491 163.58 2.1315 157,09 19.294 135438
0.86460 162.55 3.1473 154,06 28,882 130,24

0.97386 161.79 3.2655 153.55 119.36 113.30
1.0824 161,37 3.7839 152,79 210,09 107.40
1.1288 161,01 4.3572 151,36 299,27 103.91

1.4242  159.73

[co(‘en)3]2(so4)3 '
Nx10° A Nx107 A Nx103 A
0.23880 136.05  5.6155 67.467 26,707 44,161
0.81565 108.82  .6.0890 65.566 44,457  38.577
14727 94,901  6.6255 64.628 153.10 27.920
2,3912 84.133 14.808  51.560 337.91  23.130

3.8719 T4.356
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limiting value was selected by adding the limiting values for

the two ions rather “han by extrapolation,
TABLE VIII

LIMITING EQUIVALENT CONDUCTANCES OBTAINED
BY THE SHEDLOVSKY METHOD

Electrolyte S o
Co(en)B(NOB)B 146,24 + 0,07
Co(pn)3(0104)3 132.47 + 0.06
[Go(en)3]2(304)3 (154.80)

This was consldered nore accurate in view of the steep slope
observed and characteristic of 3-2 salts in general.

The Owen method of extrapolation was then applied with
the hope that this extrapolatlion procedure would give a more
acéurate limiting value. The use of this method was alsgo
suggested by the fact that the values of the limiting ionic
conductivities of the complex cobaltlc lons reported in the
literature had been calculated by means of the Owen method.
The values ofJ\o and tnhe constants A and B obtained, when
this procedure wasg used, are found in Table IX, No wvalue for
the sulfate is given since the method is not sufficiently
gensitive to warrant 1ts use.

From the limiting conductivities of the nitrate, per-

chlorate, potassium and sulfate lons, the limiting lonic



TABIE IX

PARAVMETERS OF THE SEMI-EMPIRICALLY EXTENDED
ONSAGER EQUATION AT 25°

Electrolyte A B N o
Co(en)3(N03)3 1,586 3,248 146.12 * 0.07
Colpn)5(Cl0y)s 4,679 12,400  132.40 * 0.06
K;Co(CN)g 1,293 2,914  172.52 * 0.09

conductivitles of the complex cobaltic ions may be obtained
with a high degree of accuracy. The results have been tab-
ulated in Table X in order to permit a comparison of the
1imit1ng ionlc conductivities obtained in the present study
with the Shedlovsky and Owen methods, as well as the wvalues
previously reported by other workers. From the table it can
be seen that higher limliting values are obtained when the
~Shedlovsky method is used., Inh elther case, the two methods
give results within the experimental error of 0.05% for all
lons,.

From the data in Table X it can be seen that the varia-
tion in the 1limiting conductivities of the complex cobaltic
jons is that which would be expected, i.e., as the size in-
creases,.the mobllity becomes less (74). The larger mobility
of the Co(GNh;3 and Co(en)-j"'3 ions (approximately 100 and 75
units, respectively) compared with those of the rare earth

trivalent ions (close to TO), would seem to indicate that in
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Go(en)3
Co(pn)z*?
Co(oN)g™>
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NO
c10,~t
K-l-l
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TABLE X

LIMITING EQUIVALENT CONDUCTIVITIES AT 250

Shedlovsky

Present

a

Owen

T4.80 ¥ 0,07 T4.68 £ 0,07
65.11 ¥ 0,06 65.06 ¥ 0.06
99.07 * 0.09 99,00 £ 0.09

Literature
Literature
Iiterature

Literature

value was used
value was used
value was used

value was used

estimated by the Owen method.

Literature
Value Ref.
4. T* (38)
65.06"  (38)
98.9"  (37)
Tl 44 (72)
67.36 (73)

<:89799~— (72)
Hzzesa— (72)
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these ions the first layer of water molecules 1s replaced by

the cyanide and ethylenediamine groups, respectively, and

hence water molecules do not appear to attach themselves to

these foreign groups as readlily as to other water molecules.

With large spherical lons one would expect solutlion efiects

to e much smaller owing to the lower charge densities on

their surfaces, a condition more favorable to a higher

mobility.

The deviatlions of the observed conductivities is shown

* 1
in Figure 2. It is a plot of Ay, — A, versus (N)Z, where

.Ao' is the value obtained from eaquation (63) and Ay is the

limiting value obtained by extrapolation in the Shedlovsky
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method. When the Shedlovsky values are replaced by those
obtained from the Owen method, the curves do not pass thru
zZero, but the general shape 1s the same. The value for -
[Co(en)3]2(304)3 has such a large deviation that when 1t is
plotted the axis requires compressing to such an extent that
all sensitivity is lost. For this reason, only the beglinning
of the sulfate curve is shown.

An explanation of the differences between experimental
conﬂuctivities and the theoretical Onsager equation has been
dlscussed by numerous workers in terms of incomplete disso-
cilation. For example, James, Jenkins, and Monk (37,38) have
calculated dissoclation constants for the-dissociation of ions
of; (a) the type MX*2 into ions of the type M*> and X~1,

(b) the type MY*! into ions of the type M¥3 and Y2, and

(c) the type ZM™2 into ions of the type Z*! and M™3. Several
of the wvalues obtained for the dissoclation constants, K, are
given in Table XI. Two of the values glven are for salts that
were also studiéd in the present work, while the others are
very similar to the remaining salts. It has been common
practice, especially for spectrophotometric work, to regard
the perchlorate of polyvalent cations as exempt from the diffi-
culties which arise when other salts, more susceptible to ion=-
palr formation,are used. However, it should be noted that
spectrophotometric evidence has been found, by Herdt and

Berestecki (75), for CeCl0,*2 ions in Ce(Cl0,), solutions.
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TABIE XI

DISSOCIATION CONSTANTS OF COMPLEX IOWS IN WATER
ESTIMATED FROM CONDUCTANCE DATA AT 25°

Ton-pair Kx107 Ref.
Co(NH;)c01*2 33.4 (38)
Co(en)5C1*2 18.8  (38)
c:o(1;>n)3cl*2 25.0 (38)
Co(NH; ) (50, ** 27.7  (38)
Co(en)5(50,)*? 5.55  (38)
KCo(ON) ™2 59.0  (37)

Thus, although the K values given in Table XI are for the
chlorides, the perchlorate and nitrate of the z2vppropriate
cation nmight be expected to yield wvalues within the sane
order of magnitude. From the magnitude of K for these salts,
it would appecr that dissociaiion is far from complete in
goluticns of this type of high velence elecirolyte. Hovever,
the evaluation of K cen be done irn one of several ways., One
method is the orblitr-ory selection of some conductance curve

to rerrecent o hypothetical completely disscclated electrolyte
(43,76). 211 devistions of the electrolyte under consider-
ation from the hypothetical salt are then considered as re-
sulting from incomplete dissocintion. However, the difficulty -
of selecting an experimental curve 2c e standard is greatly

mognified in the case of high-charge salis.



69

Another approach is that of Fuoss (77) and Shedlovsky (78),
where K and A, are similtaneously evaluated by a suitable
extrapolation to 1nfini£e dilution. Both methods have the
common dissadvantage, however, that some knowledge of the
actlvity coefficient of the electrolyte as a function of the
concentration.is required. The Xi would be known for the
salts under investigation, but the values of the activity
coefficlents for the ion-pairs would have to be estimated.

The two largest approximations, however, are; (a) the selec-
tion of a mobility for the ion-pair with the aid of assumptions
of uncertaln validity, €eZey that the ion-pair and the tri-
valent ion are similar in size, shape, and solvation, and

(b) the selection of a standard curve to represent the com-
pletely dissociated electrolyte.

It is interesting to note that Harned and Hudson (79)
found these assumpﬁions to be inadequate to explain the mo-
bilities calculated from their diffusion studies of the lon-
palrs formed in zinc and magnesium sulfate solution. It might
also be added that large differences in the values of the
dissociation constants are often found wvhen different methods
are used to evaluate them. A case in point is the[bo(NHB)éb04+1
for which Bale, Davies, and Monk (80) found K = 11,3x10™%
by spectrophotometric means, whereas Jenkins and Monk (Table
XI) obtained K = 2.77x10’4 from conductivity measurements.

At the present time 1t 1s impossible to state definitely



7O

" whether the observed values approach the limiting slope from
below due to the presence of an incompletely dissociated
‘electrolyte or whether the theoretical caleculation of the
limiting slope is presently inadequate to handle the high-
charge type salts studied. Part of the failure of the Onsager
equation comes from the mathematical simplifications used in
deriving the limiting law. Bjerrum's method of ion-association
represents one way to reduce the maénitude of error in the
1ihit1ng law. Although the Owen method is based upon the
assumption of complete dissoclation, it i1s difficult to dis-
tingulsh between the effects of ion-pairs, postulated in the
estimation of K; and the higher electrostatic terms fepresented
by AN log N and BN. Until A and B are evaluated theoretically
and/or the selection of a standard conductivity curve is made
less arbitrary in the calculation of K, there seems to be no
1dezal method available to explain the deviations found wilth
high-charge type salts. Empirical extensions of wvarious
theoreticzl equations can be found to represent the experl-
‘mental data, but are dangerous vwhen applied as extrapolation
procedures due to the weight given to the empirical parameters,
The main problem seems to be to distinguish, at concen-
trations beyond the Onsager range, between effeets of inter-
ionle forces, viscosity, and incomplete disscciatlon, bearing

in mind that further disturbing influences may eventually

demand consideration.



VI. SUMMARY

The activity coefficients and conductivities of aqueous
solutions of four high-charge electrolytes have been determined.
The electrolytes studled were Co(en)3(N03)3, Go(pn)3(0104)3,
K3C0(CN)g, and Eco(en)3]2(304)3.

The activity coefficient data does not show the salts
to be "strong". The highest values observed for the activity
cbeffiéients ﬁere for the K3c°(CN)6' The values obtailned for
the 3-1 salts were very similar to those previously obtalned
for Go(en)3613. Data such as this would indicate the possi-
bility of estimating the activity coefficients of similar
size and charge type complexes. The values obtained for the
3=2 sulfate were lower ‘than other 3-2 saltis.

The conductivities do not follow Onsager's limiting
equation as expected. Whether the upswing obéerved in the
Shedlovdky.Lo' plot is a result of ion-palr formation or ine-
adequacy of tﬁe present theorles to cope with unsymmetrical
high-charge types is still unknown.

The values of the limiting conductivities obtained for
the complex cobaltic ions are T4.80, 65.11, =nd 99.07 ohm~1
ew~1, for the Co(en)3*3, Co(pn)3+3, and Co(CN)6-3 ions, re-
spectively. These values correspond with those obtained for

the limiting values by other workers.
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