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INTRODUCTION

Fumerous studies have been made in attempts to find
an activity series of organic radieals which would enable
chemists to predlet the physical and chemical properties
of compounds containing these radicals, In the first of a
series of papers attacking this problem, Hixon and Johns
{30) made the statement, “If the electron theory of va-
lence holds, then the properties of any series of compounds
such as ROH, RCOOH, RCHpCOOH, RCHgCH,COOH, RNHg, RSH,
RAsO(OH)g, ste., must be a function of the 'electron-
sharing ability' of R 1f we exclude from consideration
under R all groupings which themselves hsve polar link-
ages." By refersnce to the tables sompiled in Landolt~
Bornstein (41), these investigators demonstrated that one
series of radicals waa sufficient to show the wvariations
in acldity of all the types of compounds listed above,
using as a criterion the dissoclation constants of these
compounds in water, This series had an arbitrary scale of
units, based on the aasignmment to hydrogen of a valne of
gero. Those radicals which, when substituted for hydrogen
in an ascid, cause its dissoclation to increase are sald to
have positive electron~sharing ability. Examples are
Cglg~y A=Cypliy~ and halogens. Conversely, those radicals
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which, when so substituted, csuse a decrease in acid
strength are sald to have negative qlectron-sharlng abilli-
ty. Alkyl radicals are of this type.

The term elestron~sharing ability is, no doubt, =
rather comprshensive one, embodying many individual scontrie-
bating effects, but it i1s maintained that the electrone
sharing ability of & radical is a property of that radiesl,
to whish each of the several individual effects contributes
in about the same proportion under varied sets of condi-
tions. This has been shown to have at least a pragmatic
basis in truth, If the lonization of an acid, s reversible
reaction, depends upon the slesctron-sharing abilities of
the radlcals attached to the carboxyl group, then this same
property of the radicals should goverm the bshavior of
their compounds in other reversible reactions. This has
been found to be true in the studies made thms far, among
which may be cited work on the reversible condensstions of
mercaptans with chlorel (32), the reversible splitting of
organomercuyy compounds (33) and organomercuric eyanides
(9) and the extensive studies by Landee on thes association
of organic compounds, both in the vapor state and in solu~
tien (40).

Other applications of thi: concept include studies om
the dissoeclation constants in water of the degsubstituted
pyrrolines (63)(38), the H-substituted pyrrolines and the
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desubstituted pyrrolidines {(11)(38), and slsc en the die~
soclstion constants in ethanol and in methanol of the above
types (23). Similar studlies have bsen mede of the OJ-sube
stituted tetrahydroquinolines (57).

Further studies have made appliocation of this eoncept
to the varlations of refractive indices of organiec compou

with substitution (8), the variations in optiesl activity
of organic compounds with substitution (52), and the dis~
placement in Raman frequencies with radicels of varying
electron-sharing abilities attached to the bond emitting
the radiation (47).

It was ths purpose of the present study to apply, if
possible, this concept to a atudy of the role played by
the sclvent in the proocess of electrolytic dlasocolation.
More precisely, this study was concerned with the effect
of radieals of varying electron-sharing ability attached
to the fumetional group of a solvent molecule on the ioniz-
ing power of the solvent.



HISTORICAL AND THEORETICAL

The process of elsctrolytic dissociation and the fae-~
tors affecting it have been ths sudbject of innumerable

| 1nvvatigakicna since 1883 when Arrhenius published his

c¢lassic paper in this field, The droad ocutline of de~

velopments in this fleld ies famillar to all chemists and

will be reviewed here only briefly.

Arrhenius belleved that slectrolytes were mixtures of
"active" and "inactive™ molecules. When the electrolyte
was dizeolved in water, the "active” molecules, a consider=~
able fraction of the whole, dissociated into electrically
charged particles, which he called "lons", In this way he
explained the conduction of an elestric ocurrent by suech
solutions, the lons being drawn toward the electrode of
opposite sign by the influence of its electrical fleld.
Arrhenius resognized that the propcftian of "active" to
"tnactive®™ moleculss varied with the concentration.

In 1885, van't Hoff read a paper before the Swedish
Academy of Sciences in which he showed the gas laws to be
applicable to dilute solutionas. However, some of his data
did not conform to this rule. In order to mske these solu~
tions, in which the solutes were aclds, bases or salts,

eonform to his rule he introduced a corrective factor
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which has come to be known as vanf't Hoffts "i", Thias paper
was published two years later (67). Arrhenius saw the sig~
nificance of the "i" faator in the light of his own theo-
ries {3), He was able to calculate it from his conductanee
measurements, as well as from the eryoseopic and osmotic

| preassurs measurements used by van't Hoff. This confirma-
tion lent much aupport to Arrhenius' theory of eleotrolytie
dissoclation.

The Arrhenius elesctrolytic dlssocistion theory met
with stubborn opposition, chlefly because it forced a
considerable revision of the sclentific thought of the
day, snd besause there was no physical evidence for the
existence of the ions, Nevertheless, it graduslly gained
acceptance over a period of controversy lssting for thirty
years., His main idea, that of spontaneous dlssociation of
alectrolytes in solution, 1s now ascepted almost universal-
ly, and Arrheniust! theory 1s even now regarded as being
almost entirely correct in the cases of solutions of weak
scldas and bases.

As work in this fileld progressed, & number of datas
were obtained which could not be mccounted for in terms
of the Arrhenius theory. MNost of these data were obtained
by conductance msasurements and eoncerned the solutions of
strong eleoctrolytes. BSuch solutions did not obey the law

of mass aoction nor Ostwald's dllution law. Many empirioeal
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formulse and corrective factors were proposed for sorrect-
ing these discrepanciles, among which the activity econcept
of Lewis may be mentioned as most prominent (44).

Although satisfactory from an experimental viewpoint,
none of these methods explained the deviations, and gradually
new theories were developed concerning the solutions of
strong electrolytes, the most successful of which has been
the Debye-Huckel theory of complete disscciation. The idea
of complete dlssociation had been sdvanced in a qualitative
way a8 early as 1904, by Lewis (45) and Noyes (56), among
others. In 1915, the work of W. H. and W. L. Bragg (5) on
the structures of the alkall halide crystals, which reveasled
these structures as lonic rather than molecular lattices,
lent pleusibility to these rather dudbiously received views
snd gave impetus to the idea of complete dissociation,

Among those who developed the earlier quantitative
treatments of this concept may be mentioned Milner (48)
and Ghosh (21). Milnert's mathematical treatment was quite
complicated and, perhaps for this reason, his ideas failled
to attraet smeh attention. Ghosh treated the subject in a
much simpler fashion mathematically, but his ideas were not
well received, it being claimed that many of his assump-
tions were invalid,

In 1923, Debye and Ruckel presented their now familiar
"fonle eloud® theory (12). This postulate stated that
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electrolytes in solution were completely dissociated, and
that each ion was surrounded by an atmosphere or c¢loud of
other lons, This lonic cloud contalned an excess of ione
poasessing a charge opposite in sign from that of the cen-
tral lon, When an ion is drawn toward an electrode, it
must be pulled in that direction sgainst the attraoction of
its ionie atmosphere. The variation of eonductance with
concentration 18 assumed to be due to changes in lonie
mobllities. These, in turn, are determined by the nature
of the ionlc atmosphere surrounding the central ion. For
instance, if the solution is diluted, the lonic cloud be~
comes less dense, the interionic attraetion is lessened,
and hence ionic mobility (amd conduotance) increases. If
the concentration 1s increased the interionic attraction
is also increased, and conductance decreased, In general,
the thesory of Debye and Huckel has proven itself gulte
satisfactory in the treatment of dilute solutions of strong
eleotrolytes, not only in aqueous, but in many non-aguecus
solvents. The great bulk of the resent work in the field
of eonductance interprets data in the light of this theory
for both typea of solutions.

It 48 in the field of non-aquecus solutions where de~
viations from this theory cecur most frequently. Among the
several inveatigstors reporting such divergences from the
theory may be mentioned Hartley and Bell (28), Ferguson and
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Vogel (17), and Hawkins and Partington (20). Nernst (53)
together with Orthman (55) has attempted to show that these
deviations are due to the pressence, even in dilute solutions
of astrong elesctrolytes, of small amounts of unionized mole~-
cules whose equilibrium with their lones would be in accor-
danos with the law of mass action. If this were true,

sush a solution could not be expeoted to follew strictly
the equations of Debye and Huckel, since the first assump~
tion of thelr theory, that of complete Lonigation of the
electrolyte, would be invalid,

The role played by the solvent in the process of
electrolytic dissociation has been comparatively neglected
until recent years, snd no satisfastorily comprehensive
explanation of the part it plays in the diasoclation process
bas yet been advanced, This 1s due largely tc the excellent
solvent properties of water, which, together with its cheap~-
' ness and universal availability, has virtually tied the
devalopment of chemistry to systema based on water as a
solvent. An examination of one of the few sxtceptions to
this trend, Franklin's development ¢f the ammonia system
of chemistry (18), indicates how mush of theoretical in-
terest has been missed by the close adherence of chemists
to the water asystem of chemiatry.

All previous devslopments in the study of solvent
effect on electrolytic dissoclation have been made in the
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field of none-aqueocus solutions, and it 1s to this same type
of solutions to which we mmet lock for developments in the
future,

Among the earlier workers in this fleld, Dutoit and
Aston (14) stated that a sclvent possessed ionising power
only 4f it was sssociated in the liguid state, This view
was disproved by Walden (70) who showed tha$ all solvents
were capable of esusing ionization to some extent.

Most interprstations of solvent astion have been made
in the light of the Nernst-Themson rule, This rule is
merely the application, to the dissociation process, of a
prineiple discovsrsd by Faraday (16). This principle states
that the foree between two electriec charges depends not only
on the distance between them, but alsc on the dielestric
constant of the medlum, It may be expressed mathematlically

as followa: 9%
F= D 65

where "P" 1s the foree between two charges "qi" and “gqg",
separated by a distance "4d" in s medium of dlielectrle con~
stant "D". It i= obvious that for any given distance, the
force between the charges will be leas, the greater the
dieleotric oconstant, In a genersl way, the greater the
dielectric constant of a solvent, the greater 12 its ionis-
ing power. This fact seems to have besn first noticed at
about the seme time by Nernst (54) and Thomson (64) and
formulated into the rule which bears thelr names,



Nevertheless, the ionlzing power of solvenis cannot be
explained aclely in terms of thelr dielectric constants,
There are many deviations from this rule, seme of which are
very marked. The work of Fredenhagen and Dahlmlos (19) fuar~
niskhes san example. Thelir results, based on conductance
measurements, indicated that hydroecyanic acld possessed
much legs ionizing power than did water although the die-
eleetric constant of hydrooyanic asid is considerably higher
than that of water (hydroeyanic acid, 96; water, 81).
Humerous other exceptions have been noted in the field of
non-aquecus solutions, The faect that other effects beside
thet of the dielectric constant must be considered in
ascounting for ionlzing power has been recognized for many
years. Long ago, Sschanoff (80) and Plotnikoff (59) pointed
put that when the dlelesetric constant of a solvent is amall,
its chemical constitution beocmes the principal fastor in
determining ite ionizing power.

Hore recently, Kendall and Gross (37) stated that
ionigation was dependent on preliminary compound formation
betwesn salvent and sclute, as represented by the following
goﬁarnl reastion.

A'B + CD ¥ ABCD
Onee the intermediste iz formed the degree of dissoclation
depends nupon the relative extents of the two dissociastions
of the intermediate, elther back into the original



- 16 ~

components or inte ions, This reaction is represented in
general form by the following equation,
A*B~ + C©D == aBCD = At + BOD”

. These investigators presented data concerning ths stabillity
of the intermedliates with regard to thelr originel com-
ponents, showing that they are more and mors stable as the
acldity and basislty of the solute and solvent, respectively
(or vice versa), besome more and more diverse. A strong
scid and a strongly basic solvent form a stable intermediate,
whereas no intermediate 1s detected in a system eontalning
8 weak acld and a more or leass neutral solvent. These sys~
tems were studled cryoscoplcally and the data interpreted
by means of phase disgrams, By measuring these same sya-
tems conductimetrically, they came to the conclusion that,
in 2 general way, the greater the amount of intermediate
formation, the greaster was the ioniszation in the system.

This viei is by no means origingl with these suthors,
having been held for years previously by most of those
chemists who could not reconcile themselves to a purely
mechenicsnl concept of ionization. Kendall et al. (36)
have summarized the work of earlier investigators in this
field and presented s discussion of the mechanism for
ionizetion via intermediate formation.

Hunt and Briscoe (31) proposed to correlate and %o
explain the three slosely related properties of a solvent--
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its ionizing power, dielectric constaent, and sssociation--
in terma of a more basic concept, 1ts electronic structure.
They supported Kendall's ideas of intermediate formation
betwaen solute and solvent, which they attributed to the
formation of scordinate~covalent bonds between the two.
They pointed ocut that as the solvent 1s made more basie
by the introduction into its molecule of sco-called "eles~
tropositive groups,®™ its ability to form bonds of this type
should be l1likewise increased. The ionigation of an aeid
should inerease under these conditions, because the solvent
moleculs would heve more atirsction for the proton. "“Elec=~
tronegative groups™ should have an opposite effeet. Hunt
and Brliscos found few data to support these postulates,
Few data applicable to a test of these ideas are available
in the litersture, even data of a qualitative nature.
Hention should be made hers of the work of Hantszsch
{27), who published a series of papers on the variation of
acidity of an aseid with change in the szolvent. His data
ware obtsined by comparison of indicator changes and by
kinetic studies, particulerly the decompoaition of dlaszso-
acetic ester, an acid~catalyzed reastion. Hantzach's ideas
appesar at firat glance to be widely at variance with those
or‘his contemporaries, but a ocloser inspesction shows these
apparent discordancies to be due to Hantesech's definition
of acidity, which is not based on ionization as 1s usual,



According to Hantzsch's terminology, & solution is acid
when the protons are insecurely held, Hence, a solution
of psrehloric acid in chloroform iz very strongly "aeild",
since neither the solvent molecule nor the scid anion holds
the proton vary flrmly. By the same token, a solution of
perchloric acid in water, st the same concentration, would
be much less "acid" because it is largely lonized; here

the proton %is rather firmly held by the solvent in the fomm
of oxonium ions, Hantzseh's findings offer no opposition
to & concept of acidity based on lonizetion and agree in s
general way with the ideas of Hunt, Briscoe and Kendsll.
Hantzsch's results are supported by those of Conant and
Hall (10}, and his ideas have been summarized by Hammett
(26).

The process of electrolytic dissoclation, particularly
in regard to the role played by the solvent, has been con=
sideradbly clarififed by the theories put forth by Bronsted
{7} and Lowry (46) in their numercus publications, and by
their followers in this fleld. For thoae interested in a
detalled perusal of the work in the development and sppli-
eation of these theories, a bibliography of eighty=two
reforences {including eighteen reviews) seleccted from smong
the four hundred odd papers in this field has been compiled
by Alyes (2). The various theories of acld-base systems
from Lavolsier's oxygen concept to the moat modern idess
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on this subjest, ineluding, as well as the Bronsted-Lowry
system, the more general 1dsas of G. N. Lewls (43) and of
Usanovich {66), have been reviewed recently by Hall {(24).

Bronsted's 1deas are familiar to all chemists snd will
be reviewed hers only insofar as they apply to the problem
at hand. PBronsted resognized that aclds and bazes sre
essentially different from salts. The latter, as shown by
the work of W. B, and W. L. Bragg, are lon aggregates, and
thelr behavior in solution is best dealt with in physical
terms a8 in ths theories of Debye and Huekel, Acids and
bases, on the other haend, are characterized by proton ex-
change as represented by the following general resction.

Aeid == BRase -+ Proton
In the Bronsted system an scid 1s any substance whish can
glve up protons; & dbase, any substance whioch ean acoept
them. Both sclds and bases may be either uncharged mole=
cules or lons.

In s formal sense thls system is independent of any
solvent, but it esmbraces in a general way the sction of
all sclventa., It has been shown that the above reasction
can take place to a measurable extent only when two com~
peting proton asceptors are present. Thus the reaction 1ia
always at least as complicated as the following:

Acidy + Base; ===  lAeidp + Baseg

In the case of ionigation, the two competing proton
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acceptors are the solvent and the aeid anion, the general
reaction being as follows:

4eld 4 Solvent == Solvated Protom - Base
There sre thought to be practically no free protons in a
solution of an asid,

The factors affeoting a change in ionization of this
typs due to a change in solvents have been summarized by
Wynne-Jones (74), and they are threet

{1) The chemical potentials of the acid and base (soid
snion) may vary with changes in the solvent,

{2) The electrostatic attraction between the sclvated
proton and the soid snion varies with different sclvents,

{3) The basicity of different soclvents wvaries,

The sontribution of the first of these factors is
diffieult to estimete., It has deen suggested by Bjerrum
and Larson (4) that, since the seid and base differ enly
by a proton, ths variations in chemical potential of the two
may be assumed to be Independent of the sclvent,

The ssoond of these factors, since it deals with the
foroe between two separate electrieal charges, should ob-
viously be & function of the dielectric constant of the
medium. Wynne~Jones made caleulations on availeble datas
which indicated that this was the case. Taking one acid
as a standard (benzolc acid), he compared the strengths of
other acids with it in eaeh solvent considered, taking as
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eriteria the disscolation constants of the secids. He thus
ocbtained a wvalue K,, the ratio of the dissociation constant
of the standard aeid to that of the other aeid in the sol-
vent under consideration. He then made c¢calculations indi-
cating thet when the solvent was changed, the chsnge in log
K, should be & linear function of the change in the recipro-
cal of the dielectric constant of the solvents in queation.
Then, for a series of related solventa (sufficient data
wore avallable only in the solvents ethanol, methanol and
water), he plotted log K, against the resiprocal of the
dieleoctric constants and obtained stralight lines for a
large mamber of acids of all types. By extrapeolation teo.
the log Kp axis (1/D equals zero, and hence D equals ine
finity) he got a ratioc which he eealled a ratio of the
"intrinsic strengths" of the two acids (the ratio of the
two acid strengths in a medium of iInfinite dielectric con-
stant). This he proposed to use as a basis for comparizon
of aclid strengths, hoping thus to evolve an order which
would be indspendient of any solvent,

It should be noted in this oconnection that Wynne-Jones
made the taeit assumption that the wvarying basicity factors
of these different solvents affect all acids concerned in
the same proportion, Whether or not this assumption s
valid remains to be proven since there were not enough data

available to show whether or not the "intrinsic strengths™



of thes aclds are Independent of the type of seolvent. n
the light of the theories of Hixon and Johns, it mey be
seen that the ehange in the electron~sharing abilities of
the radiecals inveolved in this solvent series is in the same
order, and of approximastely the same relative magnitude,

as the change in the reciproeals of the dielectric constants.
Tims any changes In basicity effects might be expected to .
parallel the changes due to dlelectriec sffects, so that the
former effect would rlso be Inocluded in the curve, Ob~-
viously, whether or not thia is so cannot be seld without
more data for different solvent types.

It was the last of the three factoras summarized by
Wynne~-Jones with whish this study wes concerned. The im~-
portance of the basieity of the solvent as a fector in
determining its lonizing power has been stressed, at least
in & qualitative way, by numerous investigators among whom
may be mentioned Xendall and Gross (37), Conant and Hall
{10), Bronsted (6), Hunt and Briscoe (31), Hammett and
Dietz (26), and Schwarzenbach (61).

Guantitative measurementa of this effect, which might
give some indication as to 4its nature, have not besn forth=
coming. There are several Aifficulties inherent in such
measurenents, Flrst, in order that the solute should net
be an ion lattice, and hence subject to treatments of the
type of Debye and Huckel, we are limited to the weak aeids



and bases, Thus we are forced to make measurements on the
lonization of weak electrolytes in solution in selvents
possessing much less ionizing power than does water, Such
measurements are subjeot to econsiderable difficulty.

Second, messurements of this effeoct are compliested
by the faet that once ionizetion takes place to any cone
siderable extent, we are dealing with free and separate
electrisal charges, and veriant dlelectric effects of the
different solvents will cause the elestroatatic attraction
between the free ions to vary. Thias effeot will, of course,
be included in the ionizstion constents which we shall take
88 criteria of the ionizing power of the solvents, If the
dlelectric eoffects beecome too varisnt they might soncelive
ably mask the baslcity effecte with which this study ias
primarily concerned.

Finally, it was only recently that there was made
avallable a sultable acale for the measurement of the elec-
tronie propertiea of radicals, which the author heped to
show as determining, at least 1n part, the basleity proper-
ties of solvents. Due %o the work of Hixon, Johns, et al,,
such a scale 1s now avallable, and it was hoped that, by
using suitable precautions, messurements of sufficient
accuracy to show the relation bstween the slectronis proper-
t1es of radicals attached to the funstional group in a
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solvent molecule and the basicity of that solvent might be
made,

Returning to the idess presented above in the brisf
discussion of Bronsted's contributions and selesting e
ketone a3 an exampls of a solvent, we may represent the

fonization of an seld ag follows:

. .. B . B, -
EA 4+ RGR SF=AHOIC T2 HOIC + &
‘0 R R

If we interpret the basmiecity of a solvent ss meening its
ability to donate a pair of elesctrons to the hydrogen atom
forming s gsoordinate-covelent bond, as suggested by Hunt and
Briscoe, an 1dea which seems likely to the writer, it must
be obvious that this basioity will depend on the elestronio
properties of the two R groups. By the definition of
alectronesharing ability, if these two groups are groups of
positive electron-sharing ability, they will tend to draw
slectrons toward themselves and away from the oardbonyl car-
bon atom to whieh they are attached, This will tend to
draw the electrons in the carbdbon-oxygen double bond toward
the carbon atom and mway from the oxygen atom, tightening
the oxygen atom's electron octet, restricting its donor
power and lessening its abllity to form the intermediate.
Groups of negative electron-sharing ability would tend to

relespe electrons toward the carbonyl carbon atom,
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evontually incressing the donor power and power of inter-
mediate formation of the carbonyl oxygen atem. This much
has already been demonstrated by Landee (40) in eonnection
with his studies on association (see effect of solwvatiom
thereon) and also in a qualitative way by the findings of
Kendall, et al.

The intermediate so formed can dissociste in two ways,
either into its original components or into ions. As
pointed out by Landee, the dielectric constant of ths sol-
vent 1s a negligible factor in this process, as the bonds
to be broken mmst be considered as being of the covalent
type. Representing the acid snion by "A" and the solvent
molecule by "S® the intermedlate may be regarded as being
made up, in the simpleat case, of two resonating structures.

A/ s = a: B//s

The arrows represent the opposite direotions of spin of the
electrons in the covalent bond. This reveraal of forms has
been eatimated to osour at a rate of the order of xe’s times
por segond, far toc rapidly for the bonds to be measurably
affeated by dlelectric action. It 1s not possible to say
at any time to which atom the hydrogen 13 actually attached
{covalently), and in the light of the above structures both
bonds must be regarded as being of the covalent type.

Thus, the prewvailing direstion of the dissoclation of
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the intermediate will depend on the relative attraetions,
for the proton, of the aecld anion and of the solvent mole=-
oule, a function of the tendency of the two competing bases
to form a sovalent bond, elither normal or coordinate, with
the proton. The attraction of the solvent molesule for the
proton should be a function of the electron-sharing abili-
ties of the R groups attached to the funetional group in
the solvent molecule, If R is a radlical of negative
elestron~sharing ability, increasing the donor power of the
donor atom of the functional group, the proton should be
attracted to 1; a8 this bond will bescome relatively stable.
In this casze ionization will be ecomparatively large, Con-
versely, 1f R 1s a radical of positive elestron-sharing
ability, doncr power in the funetional group will be re-
stristed, and the proton-solvent bond will be corresponding-
1y weakened, Here the ionization would be comparatively
smalle

As mentioned above, once this first step in the ionis
gation has taken place we are dealing with separate elec-
trical charges, and the dlelectric constaent will bescome an
important fastor. ©Since the dielestric constant of the
modivm 1is an important centributing factor in determining
the forsce betwesen a pair of electrically charged particles,
it will have a profound effect on the reverse reaction in

the ionization process, the recombination of the ions to
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form moleoulea, This factor was necessarily inecluded 4n
the lonization constants which were talken as the eriteria
of lonizing power; hence certain precsutions had to be
observed in order to keep thias somplicating effeot at a
minimm,.

An obviocus preecautlion was to chooae the solvents in
any series so that there were no very large wvariations in
dielestric conatants among the individual members of the
series, Thas 1t was hoped to keep thias effect nmore or leass
constent for essh seriea,

A more elegant modlification of this method suggests
itself but 1s limited to certain types of measurements.
If the ascld chosen is a oation acid, such as the smmonium
ion, the scid ionisation would be as follows:

¥ES+ 8 = m'+ EmEy

Since all ions present are of the same sign, the dielectris
constant of the medium would have no effect, be 1t large or
small. This method is sultable for potentiometric measure-
ments, but for eryoscopis or sonductimetris measurements,
which were used in this study, this lonisaticn is hopelessly
complicated by the primery ionisation of the ammonium s2alt,

A sesond, equally obvlm; preosution was to choose an
electrolyte which would not be lonised to any very great
extent in the solvent, so that most of the solute was present

#3 represents a solvent molecule.
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in the form of uncharged molecules, Thers is a practical
1imit to this however, If the ionizetion 1s too small, the
expoerimental error will bscome too large for the results
to have any meaning,

A third preeaution, not so obvious on casual examina-
tion, was based on recognition of the fact that the basicity
of an organic aolvent must be divided into two or more fas- |
tors, The first of these 1s the basicity inherent in the
functional group of that solvent type. Some functional
groups, such as the hydroxyl group, are inherently mmch
more basic than others, such as the funotional group in
sthers, to cite more or less extreme differences. The con=
tention of this thesis 1s that a second factor affecting
the basicity of a solvent is the neture of the radieals
attached to the functional group. ¥Now, if the solvent
series 18 one having functional groups of inherently high
basicity, such as the alcohols, then no matter what radi-
eals are attachked to the functional group, all members of
the solvent series may be expected to have & fairly high
basicity. Further, since all members would have a high
basicity, the variations in dasicity with variation of
radicals attached to the functional group would de small
in comparison with the total basicity, so that effects due
to varying the radicals attached tc the functional group
would be small and easily masked by other effects, in
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particulsr those due to differences in dielestric csonstant.

It is the bellief of the author that this scoounts for
the faet that aclds are generally ionized to a greater sx-
tent in methanol than in ethanol. According to ths different
basicity effects due to different radicals attached to the
functional group, the ethanecl should have the greater iocniz-
ing power, &8s the ethyl radieal possesses a smaller electron-
shaping ability than does the methyl radical. In the light
of the above considerations, it may be seen that, while
there may be some difference in the basiecities of these
solvents, the basicities of both of them would be quite
large due to the high basicity inherent in the hydroxyl
group and the difference would not llkely be very large.
There is, on the other hand, s very respectable differencse
in the dielectric constants of these two (methanol, 33.7;
sthanol, 25.8), and this might be expected te overshadow
completely the other, mmch smaller, sffect.

A third faecter, which we might expect to modify the
basicity inherent in the functional group of a solvent, 1s
the degree of assocliation of that solvent., Generally, the
solventas which have a high degree of ionizing power are
assoclated in the ligquid atate. HMany investigators have
pointed out this fact and stated that the greater the
association, the greater was the lonizing power of the
solvent. The work of Landee has established the connection
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between association due to hydrogen-bridge formation and
the slectrom-sharing sbility of a radical attached to ths
functional group involved in the association. BHEis findings
showed that as the elesctron-sharing abilities of such
groups became more aﬁd more negative the associstion in-
creased. It will De remembered that in the previcus dis-~
cussion it was pointed out that, other things being egual,
the lonizetion of a weak slectrolyte in auch a series of
solvents should likewlse increase as the radicals sttached
to the functional group became more and more negative as
regards thelr electron-sharing ability. Whether the two
effects are one and the same or if one of these effects
reenforees, or conflicts with, the other cannct be said at
present,

Thus it was spparent that solvents must be chosen so
that thelr functional groups would have neither too high
nor too low an inherent basioity. This must, of course,
be established by trial and error. In sddition to this,
it was found necessary to use solvents having high enough
dielectric constants to allow a remsonable amount of
ienization 8o as to keep the experimental error within
bounds. Further, it would have been ideal 1f the solvent
serisa had been one in whioch assoclation due to hydrogenw
bonding did not take place, but this was a practical im=-
poasibility; all of the solvent series actually used showed
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this phenomenon fer at least part of thelr members,

Thus, it was the opinion of this suthor that the
electron-sharing abilities of radicals attached to the
funetlonal group in a solvent molecule were of primary
importance in determining the basicity of that solvent,
subject to the conditions mentioned above. It was hoped
that, by observing the precautiona given above, messure-
ments of sufficient asccursey to test this hypothesis might
be made, and it was toward that end that this investigation
was directed.

A survey of the literature revealed no data extensive
encugh to constitute either a proof or a refutation of
these ideas, This lack is due, at least in part, to the
slight lonlzing power of most non-aqueocus solvents, This
has restricted the great bulk of such work to a relatively
few non~aqueous solvents, Ammonia and amines have been
employed 1in many investigations, but the basiclties in~
herent in the functional groups of thess substances is too
high for applieation to the present problem. Alechols have
been much used slso, but here work has been done chiefly
in ethanol and methanol. These are open toc the same objeo~
tion as the amines 1in regard to their basicitlfes. In any
- easé, these two do not form a solvent series giving a
representative variation in electron-sharing abilitles of
radicals attached to the funectional groups.
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Other solvents on whioch considerable amcunts of work
have been done, chiefly in the fleld of conduotance megsure~
ments, are acetone, formic acid and formsmide, scetonitrile
and benzonitrile, considering here only the organic solvents,

Most of the work on ionizetion in nonesgueous solvents
is based on conductaence measurements, Unfortunately for this
study, almost all of this eerlier work has been done using
a8 solutes the strong electrolytes. Since these are ion=-
sggregates, one might expeot the behevior eof their soclu-~
tiona to be best interpreted in terms of the theories of
Debye end Huekel., This appears, in general, to be the case.
¥Yeny data of this type sre tabulated in Landoli-Bormstein
(41) and in the books of Kraus (39) snd Walden (68)., Some
deta of 8 qualitetive nature are reported in Scudder (62).

The experimental part of this thesis will be divided
into two secticns, according to the two different methods
used in meking the measurements, The first psrt will deal
with measurements made oryoscopleally, and the second will
deal with conductance megsurements. The results obtained
in each seotion of the work will be discussed st the snd
of that sectlion,



PART I: CRYOSCOPIC MEASUREMENTS
EXPERIMENTAL

Apparatus

The apparatus for making determinations by the oryo-
scopic method is shown in Figure l. The thermometers used
in detsrmining temperatures in the melt (A) were graduated
in tenths of a degree Centigrade, There were two of thess,
oné having a range of from minus twenty to fifty degrees,
and the other a range of from mimus ten to one hundred de~
grees, All readings were made with the aid of & thermometer
resder, not shom in Figure l. In this way it was possible
to make readings with an accuracy of about one one-~hundredth
of a degree, A second thermometer (B) was suspended in the
bath so that bath eonditions could be duplicated on sue~
cesaive mms, This thermometer was gradusted in degrees
Centigrade and had a range of from minus twenty to one
hwndred twenty degreea. The bath (C) was a five hundred
ml. beaker, filled with water. It was found that the rate
of stirring of the water in this bath mmust be fairly rapid,
and for this purpose a ccmpressed air stirrer (D) was placed
in the bath. The oontainer for the melt was a large Pyrex
test tube (E). Vigorous stirring of the melt is necessary
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i1f sonsistent results are to be obtained and this was sccom~

plished by means of the glass rod-and-loop device (F).

Technigue

Preliminary investigations on benzophencne showed that
reproducible melting points could be obtained only by melt-
ing the mixture and taking its freezing point as the bath
was allowed to oool around 1t., Constant and rapid stirring
of both bath and melt is absolutely necessary if reproduc-
ible results are to be obtalned, The temperature first
drops bslow the melting point, even in the presence of the
s0l1d phase; then, as crystallization beeomes more rapld,
the melt temperature rises to a constant vaine which is
taken to be the melting peint. 8Since bath conditions ine
fluence the sstual value obtained, if they are very widely
variant, it was necesssary to keep these conditions the same
throughout any m»un. For those solvents which melted above
room temperature, it was the practice to ralse the bdbath
temperature above the melting point, let the mixture melt,
and then allow the bath to cool naturally. When the bath
temperature reached the melting point the melt was seeded,
and during all parts of the eooling period constant stirring
of the melt was maintained, For those solvents which
melted below room temperature, the practice was to cool the

bath to about cne degree below the melting point, then seed
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the melt to induce erystallization and to maintain stirring
of the melt throughout the course of the determination,

By control of ths bath conditions in this way, it was
pesaible to obtain about the same degree of supercooling on
successive determinations. All of ths solvents used showed
a marked tendency to superccol, even in the presence of
considerable amounts of the solid phase, The practice of
seeding the melt, together with vigorous stirring of beth
the bath and the melt, brought this potential source of
error under control,.

As 8 usual thing, melting point determinations were
repeated until three succesaive readings shecked each other
within one one-Imndredth degree. In those cases whers sush
precision could not be obtalned, final readings were the
averaged results of five or alx of the variant values
whose msan range of deviaetion di1d not exceed five one-
hundredths of a degree. The chief offenders in this re-
spect were phenyl p-tolyl ketone and desoxybenzoin, the
latter in particular. This was sttributed to their ex~
tremely slow rates of crystallisation, which greatly meg-
nified the errors due to uneven bath conditions and stirring
of the melt, In the case of determinations in desoxybenzoin,
the melting points were so erratic that determinations in
this solvent were finally abandoned altogether. While a
oryoscopic constant for this solvent was obtained and is
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reported in Table 1, it must be regarded as being of very
dubious worth.

Determination of Cryoscopic Conatants

The solute used for the determination of the oryoscopic
constants was naphthalene. The naphthalene used was Baker's
Ce P. grade (melting point, seventy~nine degrees). It was
used without further purifiecation.

Both solute and solvent were weighed on the analytical
balance, the solute to the usual four plases and the sol-
vent to only three places, It is interesting to note that
mich 4ifficulty was experienced in obtaining the melting
points of some of these solvents in the pure state. Howw
ever, 1f s small amount of naphthalene was added, the melt-
ing points became quite reproducible; this was done in the
cases of proplophenone and phenyl p~tolyl ketone. Then
larger amounts of naphthalene were added and the erycascopic
constant cslculated from the temperature drop between the
two reproducible melting points.

The sryoscoplc constants were oalculated Dy mesns of
the usual equation,

ATe - G - m

(1) x = T ,
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where:
K = the eryoscopic conatant
4Tp = the r:or:;:ng point depreasion in degrees Centi-
g = the welight of the solvent in grams
m = the molecular weight of the solate

the weight, in grams, of the solute.

g

Since the valuez of the cryoscopic constant decreased
&8 the concentration insreased, it was the practice to keep
the molar concentrations of naphthalene adbout the same in
determining the constant as the concentraticns of eleotro-
Iyte to be used later on. It was thought better to keep
the conocentrations of reference solute and lonizing solute
about the same, rather than to extrapolate the constants
back to their values at zero concentrstion, since the de~
viations of activities from concentrations should be approxi-
mately the same for both the reference solute and the ioniz-
ing solute.

The maximum concentration of the electrolyte in theass
solutions was about one-tenth molal., Working in this eon-
centration range with naphthalene as solute gives rather
small vyalues for the freesing point depression {of the order
of one-helf a degree), but the error in reading can be
compensated to a lamge extent by determining two or three
values for the constant and averaging them., In this way
it was poasihle to check falrly slosely the values reported

by previous investigators, where such values were available,



Preparation and Purification of Materials

The aolvents used in this part of the study were ke~
tones of the typs RCOCgHg. They were chosen, first, because
the warious members of the series melted in a range from
fifteen to rifty-five degrees Centigrads, a convenient range
for measurements of this type, and second, because previocus
work (40) had demonstrated that association in ketones was
not large.

The individual members of the =oivent series smployed
were acetophenone, proplophencne, bensophenone, phenyl
p~tolyl ketone and desoxybenzoin. Thelir freesing point
constants are tabulated in Table 1. Other relevant physi-
cal constants of these sclvents are presented in Table 2,

Acetophenone (Eastman) was purified by distillation
under reduced pressure. It was a water-white ligquid, boll-
ing at ninety-seven degrees under a pressure of twenty-two
m. of merocury. Its melting point was nineteen snd thirty-
three hundredths degrees Centigrads, as taken on the eryo-
scople apparstus,

Benzophenone (Eastmsn) was used in these determinations
without further purification. Its melting point {capillary)
wag forty-eight degrees Centligrade,

Propiophencne (Esstman) was purified by distilling in
an atmoaphere of purified nitrogen at reduced pressure, It
was 8 colorless liguid, bolling at one hundred eight degrees
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TABLE 1

Cryoscopic Constants of Ketones of the Type RCOCgHg

Author's value Comparative

Substances for Kf value
Acetophenone 5.55 5.66 (20)
Benzophenone 9.86 9.88 (15)
Desoxybensoin 9.30 None reported
FPhenyl olyl

keton?t 9.88 None reported
Propiophenone 5.56 None reported

TABIE £

Fhysicel Constants of Ketones of the Type RCOCgHg

E.5.A, Freezing Dlelectric

Substances of R. point constant
Acetophenone ~1.,45 19.356%%. 18,1 at 20%. (69)

18.4 at 40000

Benzophenone 4.2 47.67%,

Phenyl p-tolyl °
ketone 2.9 851.75"Ce

Proplophenone «1.80 15.43%.,

11.4 at 6090. (?1)

Hone reported
15,5 at 179%. (13)
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at a preasure of ten mm. of merocury.

Desoxybenzoln was prepared by the Friedel and Crafts
reaction, according to the directions of Allen and Barker
{(1). Phenylacetic scid was converted to the sorresponding
aocyl chloride with phosphorus trichloride., The reastion
mixture was dissolved in benszene and flltered to remove
phosphorous asid. The catalyst was added in small amounts
to this solution. Following this, the solution was refluxed
for two and one-half hours and hydrolyzed by pouring it
over a mixture of ice and hydroehlurié scid. Excess ben~
zene was removed by distillation on the water bath and the
product dilatilled under reduced pressure, The bolling
point wes one hundred ninety-five degrees st a pressure of
thirty mm. The preduct was purified by recrystallization
from methanol and melted at fifty~four degrees Centigrade.
It was identified s the semicarbazone, melting point ono
hundred forty-five degrees (Beilstein, ocne hundred forty-
seven degrees). The yield was forty-three per cent of the
theoretical, based on the phenylacetic asid,

Phenyl g«telyl ketone was prepared by the reaction of
& Orignard resgent on & nitrile, The Grignard reagent was

prepared by treating thres-fourths of a mole of p~bromo=-
toluene, in ether solution, with a alight excesa of mag=-
nesium turnings. Benzonitrile in ether sclution was added

to the solution containing the Grignard reagent at a rate
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suffleient to maintain refluxing of the ether., The product
was hydrolyzed with ammonium chloride solution and ether
removed by distillation on the steam bath., The preduct was
recovered by distlillation at reduced pressure, bolling at
about one hundred ninety degrees at a pressure of twenty mm,
of mercury. This product was recrystallized from methanol,
forming white nesdles melting at fifty-three to fifty-four
degrees, The substance was ldentified by its mixed melting
point with an authentic sample of phenyl p-tolyl ketone.
The yield of recrystallized substance was thirty~three
per cent of the theoretical, based on the p-bromotoluens.
Pleric aold was the sclute chosen for this part of
the work. The work of landee has sstablished the fast that
the atronger acids are less prone to assoclate., Pleric
acid is a moderately strong elestrolyte, and it was hoped
by its use to minimize the assoeciation of the solute as
mch as possidble. The ploric acid used (Baker and Adams)
was purified by recrystallisation from ethanol and dried
by filtration at the pump. S8ince the original econtalned no
significant impurities except water, no further tests for
purity were made.

Determination of Apparent Molecular Weights

In teking the melting points of the solutions at
various concentrations, it was found that the melting
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pointz would drop slowly for a few determinations snd then
reach a constant value, This was attributed to ilonization
of the solute, the equilibrium apparently not being estab-
lished at once in any of the solvents, When the melting
points reached a constant value it was assumed that equiliw
brium had been reached,

The same general procedure was followed in taking the
freezing points of the solutions of pileric acid as that
used in determining the eryoscopic constants of these sol~
venta. The first run was made on benzophenocne, The results
indicated that ploric acld was completely icnized in this
solvent up to concentraticons of about one one-hundredth
molal., It was thereafter the practice, whers consistent
melting points could not De ebtained for the pure solvent,
to add & mimate amount of plerlc aeid to stabilize the
melting peint. It wss then sasumed that this amount was
completely loniged, and on this basis the theoretical tem-
perature drop was calculated. The melting point of the
solvent was determined from the caleulated freezing polnt
depresalon,

The apparent moleoular weights were calculated by
weans of the usual equation,

1000'3' Kr
ATy - @ ’

{2) m =

all terms having the same significanee as in equation (1).



The ealoculations of the degree of dissocolation, from
the apparent molecular weights, were made using the follow=
ing equations

A= 22 = U
mg(n=~1)

(3)

where:

A = degree of dissociation

mg = apparent molecular welight

®m; = molecular welght as calculated from formula

n = numbsr of lone into which one molecule disscclates,

It must be admitted that this method is by no means
1deal. There will always be & certain amount of assoclation
of the solute, increasing its apparent molecular weight,
along with the disscelstlon which decreases its apparent
molecular weight, What is actuaslly measured iz not either
one of these factors, but the difference between them,.
That asscclation does occur 1s easily seen by reference to
the data obtained for solutions of pleric seld in dbenzo-
phenone. At the highest concentration the molesular weight
is gbove thes theoretical, a fact explained only by associa-
tion of the solute. As stated above, both the solute and
the solvents were sc chosen as to minimize the effect of
association, and it is the writer's belief thet in the con=
centration range employed the assocciation was not large,

Nonetheleas, the fact that a certain amount of sasociation
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probably dees cceur mst be taken into account in any inter-

pretation of the results,

Effect of Solvent Associstion on Rate of Ionlzation

It is interesting toc note the differences in time re-
guired for the asolutions to attain equilibrium., From con-
slderations of steric effect alone, one might expeet the
dissociation to reach squilibrium smoch more rapidly in
acetophenone than in benmophenone. Actually the reverse is
true. Solutions in benzophenone reached final equilibrium
in ebout thirty mimtes in all cases, while solutions in
acetophenone often required as much as two days for finsl
equilibrium to be estadblished. Propiophenone behaves much
1like acetophenone in this respect, while phenyl p~tolyl
ketone ressmbles bengophenone. The author belleves this
due to the feot that the acetophenone and propicphenocne
possess "active™ methylene groups, active in the sense
that the hydrogen of these groups is replaceable with
metal, Compounds possesaing replacsable hydrogen atoms
are the most prone o sssosiaetion by the formation of
hydrogen bridges, as witness the organic acids, alcohols,
phenola, amides, ste.

If asscclation of this type does oceur in acetophenone

and proplophenone, then we have present an equilibrium which
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18 at least as eomplicated as the following:

(CgHECOCHg )p == 2CgHCOCHy CHgCCHs 2 CgHsOCHg
0 0
+ =z |\ = if
0B +

2(NOg)sCeHgO  (NOg)sCely 2(KOg)sCeHzo

On the other hand, in the csses of bdbensophenone and
similar ecompounds, no "active" methylene groups are present
md. association of this type would not ocour. In this case
the equilibrium involved would be mmch simpler.

+
(cﬁss)gca + (Hca )scsxznx = 0655?'0685 csssgcsna
0-+H OH
1 —
0 - -+
(Nopabely  (NOp)0gHg0
In the first type of system, if the rate of dissocia~
tion of the double moleoules into single molecules was com~-
paratively slow, this might easily be ths controlling rate,
and thus it would determine the speed with whiech final
equilibrium was established. In such a case it 1s easlly
soncelvable that the steric factors involved might be

negligible in comparison and the apparent discrepancy

acoounted for.
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Presentation of Data

The dats for loniszation in those solvents for which re-
sults could be obtalned are tabulated on the following pages.
Table 3 shows the ilonization of pieric aecid in propiophenone;
Table 4, in acetophenone; Table §, in phenyl p-~tolyl ketone;
and Table 6, in bensophenone, In all cases, the consentra-
tion range employed is from zero to one~tenth molal. The
ssquence of the tables is in the order of decreasing dls~
scciation,

These data are also presented in graphiecal form. In
Figure 2 the ionization of pieric asid (as caloulated from
the apparent molecular weights by equation / 3_7) is plotted
a8 a funstion of concentration for eash of the wvarious sole-
vents employed. Above a concentration of five-hundredths
nolal, where all freesing point depressions were at least
one~helf degree, these curves parallel each other fairly
well, The order of decreasing dissociation in these sol-
vents is propiophencne ) acetephenone ) phenyl p-tolyl
ketone ) benzophenone. Thias is also in the order of in-
craasing positive electron-sharing ability of the radicsl
R attached to the sardonyl group.

In order to show more clearly the relationship detween
the electron-sharing sbilitles of ths R groups and the
lonizing power of these solvents, in Figure 3 are plotted
the ionizations of ploric acid in eash of these solvents,
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TABIE 3

Apparent Noleoular Weight of Pleric Acid in Propiophenone

¥olallty of Helting Apparent Per cent

ploric asecid point ATL 4 o mol, wt, ionized
0.00 15,439 ——r ——— ——— ————
0.005256 15,37 «06%% 5,55 114.5% 100=
0.0316 15,08 +35 5.58 114 100
0.,0543 14.85 «58 5.56 119 92.8
0.0780 14.63 «B0 5.85 123 86.5
0.0977 14.47 «96 5.586 129 T8

*Aasﬁmd valus,
#Caloulated from sasumed value,

TABLE 4
Apparent Molecular Welght of Pleric Acid in Acetophenone

Wolality of Helting Apparent Per cent
picric acld point ATL Kt mol. wt. ionized
0.00 19,36 —-—— e ———— -—————
0,009 19.25 «10 5.65 113 100
0.0283 19.10 «26 5,66 114 100
0,0360 18,91 o84 5.66 110 100
0.,0570 18,80 55 5.65 120 21
0.0865 18,68 «67 5.65 126 82
0.0790 18,54 «81 5.66 iz6 o
0.,0852 18.435 «92 5.65 131 7%

0.1086 18.33 1.02 5.656 134 71
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TABIE §
Apparent Molecular Weight of Pieric Acid in Phenyl p«tolyl
Eetone (m.p., 51.75°C.)

Holallty of Welting Apparent FPer cent
pleric seld point ATf  Ef  mol, wt. lonized
0.0072 51.61  .l4%r 0.858  114.5¢  100#
0.0166 51,47 .28 9,88 121 90
0.0327 51.26 .48 9,88 180 52.5
0.0525 51,10 .65 9.68 178 28,6
0.0743 50.85 .90 9,58 182 25,8
0.0955 50.57 1.18 9,58 178 28,6

#Assumed walue,
##Caleunlated from assumed value,

TABLE 6
Apparent Molecular Weight of Plcric Acid in Bensophenone

¥olality of Melting Apparent Per eent

pioric acld point LTL KL mol, wte ionized
0,00 47.67 B —— R R
0,00856 47,50 17 9.87 113 100
0.0168 47,35 32 9,87 118.6 93
0.0264 47,23 oid 9,87 136 €9
0.0534 47.19 +48 9.87 157.5 45.5
0.,0415 47.13 + 54 9.87 174 32
0,05625 47.04 o83 9.87 189 21
0.0702 46,90 77 9.87 206 11
0,0890 46,73 +94 9.87 214 7

0,135 46.40 1.27 9.87 236 (3)




as a funetion of the electron-sharing abllities of the radi-
cals. Curves are drawn for the concentrations five-
hundredths, six-hundredths, seven-hundredths and nine~
hundredths molal. The degree of significance which may

be attashed to the form of these curves will be considered

in the discussion of the results,
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DISCUSSION OF RESULTS

Relationship between Ionising Power of Solvents snd
Electron~sharing Abilities of Substituent Groups

The results follow, at least in a qualitative way,
the predictione made in the theoretical portion of thias
thesis., Those solvents in which R has & large elsctron-
sharing ability possess less ionising power than those in
which the electron~sharing ability of R 4s small., This
relationahip is shown graphically in Figure 3.

Effect of Dielectris Constant of Solvent

Onfortunately, data on the dielestrie constants of
thess compounds were available cnly for acetophencne,
benzophenons and propliophenone. BSuch data ss were avail-
able are tabulated, in part, in Table 2., The values of
the dielectric constants reported are those given for the
temperatures nearest the temperatures at which the runs
were made,

These data indicate that the dielectric constants of
these solvents were of secondary importance in determining
thelr ionizing powers. Whereas proplophencne has a smaller

dielectric conastant than does acetophenone, the former
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solvent proved to have slightly greater ionizing powser,

Of greater significance is the fact that, while the varia-
tion of the dielectric constants of these sclvents 1s small
and fairly regular, the variations in thelir lIcnizing powers
are neither small nor regulesr, Both acetophenone and
propliophenone possess far greater ionising power than does
benzophenone. In order to show the relationship between
the 1onising power and the dielectric constant of each of
thess solvents, the dielectric constants are also plotted
(dotted line) in Figure 3 es a function of the electrone
sharing abilities of R.

Effect of Temperature Variations

It is unfortunate that, since the ionisation constants
for all electrolytes vary with changes in the temperature,
all of these determinations could not have been run at the
same tempeprature. This 1s obviocusly impossible for deter-
minations made by the oryoscopic method. However, the
poasibility that the differences in ilonization are due to
temperature differences in the determinations 1s precluded
by the fact that the effect is not a regular one, Reference
to Table 2 willl establish the fact that phenyl p-tolyl
ketone would be out of order if this were the case, While
it has the highest wmelting point of any of the substances
investigated, it oscuples an intermediate position in
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fonizing power. Further, since the heat of ionization of
& weak seid 1s generally quite small, at least imn agqueocus
solution, 1t 1s the opinion of the suthor that this effect
1s not large.

Nevertheless, although the variant temperature effects
are unlikely to be large snough to reverse the order of
ionizing powsr, they are guite likely to be large enough to
alffect the shape of the ocurves shom in Figure 3. Both
solventas which showed the higher degree of ioniging power
melted at temperatures around twenty degrees, the other
palir of solvents at sbout fifty degrees. If hesat is adb-
sorbed in the ionisation process, then the results for
acetophenone and propilophencne (low temperature) are
probably relatively too low as compared to what they would
be at the higher temperature. On the other hand, if heat
is evolved in the ionization process, then the results for
banzophenone and phenyl p-telyl ketone are low, relative
to thelir wvalues at about twenty degrees, In either case
it would appear that one pair of results is relatively too
low, and 1t 1s likely that the ourves in Figure 3 should
ahow more of a ocurvature. In any oant,'zi is extremely
doubtful 4f the ahape of the curves, as drawn in Figure 3,
can be asaigned any significance,
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Proper Cholce of Units of Concentration

Before leaving this diacussion, one more factor should
be taken into account. The choice of molality as a unit
of concentration lesaves much to be desired. If the iloniz-
ing power of a solvent 1s dependent, under certain condi-
tions, upon its abllity to solvate the meid and carry away
the solvated proton, then a fairer somparison would be
made on s basls of equal numbers of moles of solvent,
rather than an equal number of grams of solvent. For
example, in one thousand grams of asetophenone there are
pressnt more molecules, and thus more functional groups
to solvate the proton than are present in an equal weight
of propiophencne, While the results show propiophenone to
have slightly more ionizing power than acetophenone, the
actual difference 1z somewhat greater since there were
less molecules present in the propiophencne solution. The
same considerations apply equally to phenyl p-tolyl ketone
and benzophenone,

In Figure 4 are plotted the ionizations of pieric acid
in each of the solvents as a function of the mole fractiom
of aeld in each iolvent. Reference to this figure will es-
tablish the fact that the difference in icnizing power of
these solvents 1s somewhat greater then thst indicated in

Flgure 2, as 1s apparent from the abeve considerations,
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While it 43 apparent from the foregoing discussion
that the results obtained in this portion of the work
camnot be taken as absoclute values, it is thn‘oontantion
of the author that the results dear out, at least guali~
tatively, the postulates stated in the theoretical portion
of this thesls oconcerning the relationship between the
ionizing power of a solvent and the electronic properties
of radicals attached to the functional group of ths sole
vent molecule., However, it 1s an obvious famot that the
eryosooplic method is not a very desirable one for making
measurements of this type as it is subjest to errors due
to t;mperaturo differences, small freesing point depreassions
at low concentrations, exposure to impurities in the air,
ete., Therefore, the second portion of the experimental
work was done using the condusctance method, a standard
method long used in the messurement of fonizatiom in bdboth

agqueous and noneagqueocus solutions,
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PART IX. CONDUCTIMETRIC MEASUREMENTS
EXPERIMENTAL

Apparatus

This part of the work was undertaken, not only to
measure the ionization by a method independent of that used
in the previous part of the work, but also bessuse of the
extremely limited appliocability of the eryoscopiec method
to problems involving the use of different solvents, and
because of the many disadvantages inherent in the cryo-
scopic method, such as the large experimental errors at
low concentrations snd the impossibility of making all
measurements at the same temperature,

A great deal of work has been done in the field of
electrolytic conductlon on both aqueous and non~agueous
solutions, However, as stated in the theoretical discus~
sion, most of the work concerning non-aguecus solutions
has been done in a relatively few solvents and nearly all
of it in the field of strong electrolytes., Hence there
are no data suffiolently ecomprehensive to be applicable té
the problem at hand under the conditions laid down in the
theoretical part of this discussion.
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The eonductance apparatus, its sources of error and
proper design have been the subjeet of a good many inves-
tigations. A summary of the earlier work in this field and
of its development from an historical standpoint has been
made by Morgan and Lammert (51). A brief summary of the
findings to date, the reguirements of apparatus for obtain-
ing various degrees of accursoy, and a biblliography of
Jeading references to the literature on the subject of
conductance measurement were presented in a recent catalog
of the Leeds and Northrup Co, (42).

The accepted standard for high-precision measurements
is the design of Jones and Josephs (34). The apparatus
used in thia study employs the sircuit recommended by thenm
although no attempt was made to employ all the refinements
suggested by these investigators. This was believed un-
necessary as the present study was concerned primarily with
the conductance ratic and not with the sbsolute conductance.
The wiring dlagrsam for the apparatus used is shown in
Pigure 5.

The osclillator used was a vacuum tube type, duilt for
this laboratory by the Gulliver Radlo Co. of this oity,
based on a design by Kelley (35). This unit operated from
the hundred ten volt a.c. line and gave an output current
of good sinmusoidal form at a frequency of one thousand
cyocles per second, The output voltage was kept the same
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in all the measurements, at about six wvolts.

The resistances Ry and Rq were furnished by a leeds
and Northrup student-type slide wire. The resistances Rg
and Rg in the grounding sircult mst be variable if Ry and
Ry are variable, and for this purpose a ssaond slide wire
of the same type was used,

The standard resistances used, Ry, were probably the
largest sources of error in the apparatus., One of these
was a deoade type, mamifactured dy Ieseds and Northrup,
reading from ons to ten thousand olms in steps of one obhm,
The other was a student's standard high resistance, reading
from ten thousand to one hundred thousand chms in steps of
ten thousand ohms. Both of these units were designed
primarily for use with direct current end are not particu-~
larly securate when used with alternating eurrent. However,
it was estadblished that while these resistances might not
bs ascurate when used with alternating eurrent they were at
least fairly eonsistent, that ias, one of these resistances
sould be used to measure the other., The maximum error for
such a measurement 4id not exceed two per cent in terms of
the values indieated on the apparatus, Thus while the ab-
solute values determined for the conductances would be in
error, these errors should enter intoc the values for the
limiting conductances in sbout the same proportion, so
that the conductance ratics and the ionisation oconstants
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determined therefrom should be ascurate enough for the pur-
pose at hand,

The coils for these resistances were bifilar wound,
aliminating inductanse errors, but they were not sc woumd
a8 to sliminate capacltance., Capacitance was particularly
large in the high reasistance box, and when thls resistance
was used it was found negessary to shunt an auxiliary
capasitance of one thousand micro-micro«farads (not shown
in Figure 4) across the cell, This condenser, used in con-
Junctlon with the wvariable condenser Cy, insured good
sound minima at all resistances enoountered.

The eondenser Cj, used to compensate capacitance in
the esll, was a variable alr condenser mamfaectured by the
General Radio Co., having a eapacitance variable between
forty=-elight and one thousand thirty-four micro-micro-
farads. The sondensaer cG in the grounding circult was a
small unit mamifactured by the Allied Radlio Corp., having
a maximum capacitance of about one hundred and fifty miero-~
aiocro-farads.,

The eells used were of the usual student type. A
drawing of one of these 1s shown in Filgure 6. The eleg-
trodes were fairly large (about aixty sq. uvm.) and set
quite close together (about seven mm. ). The cell constants
wore determined in the usual way, using one-hundredth nor-

mal potassium chloride as reference solution, and were of
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the order of eighteen~hundredths reciprocal centimeter,
These are approximately the figures for the cells designed
by ¥ashburn (72) and approved by ¥organ and Lammert (49)
for solutions of mederate conductancs, and they were cone
sidered good enough for the order of acouracy to be at-
tained. They proved quite satisfactory, having a particu~
larly low capacitance for most of the solutions encoun=~
tered,

The telephones for detecting the balance point were
of the usual radio-headphene type. They were connected
across the tap key T so that the clrcuit might be broken
readily, this being a considerable aild in the detestion of
very falnt sounds in the telephones,

The grounding cireult shown 1s the modified Wagner
ground recommended by Jones and Josephs. A considerable
capacitance always exlsts between the telephcne colls and
the observer, and it is the function of the grounding cire
cult to keep from charging ourrent into this eapseitance
by maintaintng both the colls and the observer at ground
potential, In view of the other errors inherent in the
equipment ussd, the error due to this effect was probably
negligible, but use of the grounding circuit had the effect
of sharpening the minimum peoint and hence was a convenience
to the operator whether or not it was an unnecessary re-

finement. PFurther, the oscillator was of a type requiring
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grounding of ocne of the output terminals, and the grounding
circult served to do this.
The procedure used in adjusting the bridge was as
follows:
(1) Balance bridge by sdjusting Ry and Cye.
(2) By means of switeh Sg, disconmect telephone from
B! and connect it to ground.
(3) AdJust g and C,
‘heard in the telephone, B 1s now at ground poten-
tial,

across Rg and Rg until no sound 1s

{4) By meana of switch Sp, disconneect telephone from
ground and conneot it to B!,

(5) Make final adjustment of bridge with Ry and C4.

If this differs mmeh from the first setting, re~
pesat the process,

Temperature control was schieved by means of a small
thermostat designed by Dr. Johns of this laboratory. The
circuit for this wnit is shown in Pigure 7 and is a modl~
fication of one suggested by Dr, L. D. Goodlme of the U, S,
Dept. of Agriculture (82). The bath 1tself was an aluminum
block im;h an external diameter of six inches, Holea bored
from the bottom of the block served as inlets for the sool~
ing water and as wells for the heating coils. Holes wers
drilled in the top of the block for a thermometer and for
a meroury thermoregulator. The RCA 1804 tube shown serves
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both as & relsay and as a source of current for the heating
colls,

Shielding of the apparetus was tried at first, but in
view of the accuracy desired it was not really necessary,
and the sopper screen used as the shielding materlal worked
through the insuletion of the wires passing through 1t and
caused troublesoms short oireuits. This practice was

finally discontinued,

Technique

The procedure followed in oleaning the cells was as
follows. Before a run the cell was filled with cleaning
golution and let stand overnight. It was then washed cut
thoroughly with distilled water, fallowsd by several wash-
ings in scetone which had besn previously distilled to
prec¢ludes the possibility of any solid material being
present. Following this, the sell was dried in a current
of purified nitrogen and filled at once with the solution
to be measured. For any given set of solutiona, washing
betwoen determinations made on ths individual members of
the set was with the redistilled acetone only, followed by
drying in the usual mmnner,

The electrodes were not platinized in making these
determinations. While platinization of the slectrodes is
certainly an advantage in oversoming polarization, it has



certain disadvantages whiceh prohibit its use with non=
agueous solutions, It has been ahown (58) that the ocata-
lytic effects of the platirmm may ceuse chemical changes
in the solvent, For examples, alcchols are easily oxidiszed
in this way. These catalytie effects will obviously be
much greater with platimim black than with bright plstinum.
The plstioum blaseck alac has much greater adsorptive powep
than does bright platinum, and this makes difficult the
cleaning of the oell between determinations on the indi-
vidual members of a set of solutions,

In view of the time required for equilibrium to be
established, as shown by the previocus experimental part of
this study, it was thought best not to make any dilutiona
in the oell itself, Consequently, the solutions were made
up in small Erlenmeyer flasks, Theae flasks were cleaned,
dried and filled with purified nitrogen in exsotly the
same way as that used for the conductance cell, In sll
cases the solution of highest concentration was made up
first, and the other solutions of lower concentrations
were made up by successive one to one dilutions., After
the ‘nelutiona had been made up, they wers allowed to stand
for a time sufficient to insure that equilibrium had been
eatablished.

Transler of the aolutionz from flask to cell was
sccomplished by means of a dry pipet filled with purified
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nitrogen. As both flask and cell were filled with nitrogen
before the transfer, this procedure eliminsted all contact
with the air. This 1a quite necessary, as it was found
that merely pouring the solution from flask to o6ll allowed
enough contaet with the air to meke the results mun eon-
siderably too high at the lower concentrations. This is
likely due to the ahsorption of small amounts of water
from the atmosphers,

After the £1lled cell had been placed in the thermo~
stat, about one-half hour (or lesa, depending on the 4if-
ference between room temperature and bath temperature) was
allowed for the solution to come to the temperature of the
bath before taking the first resding. A second reading was
takten ten minutes later, If the values checked, it was
sssumed that temperature equilibrium had been reached;
if not, a third reading was taken ten minutes later, and
80 on until two sonsistent resdings were taken on successive

attempta,.

Purification of Materials

As solvents, a series of ketones of the type CHgCOR
was chosen first since previous work had shown the lower
members of this series to have a falr degree of ionizing
power. Also, it was possible to choose & representative
series of these compounds so that there was little



-1 =

difference between the dieleectric constants of the indi-
vidual members., The solvents chosen were acetons, methyl
othyl ketone and acetophenone. Pertinent physical dsta on
these compounds are presented in Table 7. It should be
stressed again that the wvalues obtained by the author for
the e¢onductances of thoeo compounds are not to be regarded
as being highly accurate, Conductances of the pure solvents
were determined for use in correcting the conductanses of
their solutions and as an approximate check on the purity
of the compounds, and not with the intention of determin-
ing new and more accurate values for the coenductances as
such,

Acetone for the conductance messurementsz was prepared
by fraoctionating atock acetone seven times, 1Its Ddoiling
peint was fifty-five and two~tenths degrees at a pressure
of seven hundred forty mm,

Methyl ethyl ketone (Eastman) was frastionated seven
times, bolling at seventy-eight degrees at a pressure of
seven hundred forty mm.

Acetophenone (Eestmsn) was purified by distillation
under reduced pressure in an atmosphere of purified nitro-
geén. Its bolling point was ninety-one degrees at a pressure
of fourteen mm,

The purities of all of these compounds were judged by
their conductances, whioh are reported in Table 7.
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It was desired to determine the lonizetion constante
of the acid in & ssgond series of solvents in order to see
whether or not the relationships preducted in the theoreti-
eal part of this thesis were independent of the type of
solvent employed. A series of nitriles of the type RCK
was selected, including acetonitrile, denzonitrile, rhenyl=
acetonitrile and propionitrile, Pertinent physical data
on these compounds are presented in Table 8,

Acetonitrile (Eastman) was fractionated at atmospheric
presasure & sufficient mumber of times to obtain a desireble
conductance. It bolled at a temperature of eighty~one
degress at a pressure of ssven hundred forty mm,

Propionitrile (Eastman) was purified in the same way,
except that it was allowsd to stand over anhydrous sodfium
sulfate for three days prior to Irastionation. It bolled
at a tsmperature of ninety-six degrees at a pressure of
seven hundred forty mm,

Benzonitrile (Eastman) was purified by distillation
at reduced preasure in an atmoaphere of purified nitrogen.
(Boiling point: elghty-five degrecs at seventeen mm,
pressurs).

Phenylacetonitrile (Esstman) was purified in the same

way as the benzonitrile. (Boiling point: one undred
seventeen degrees at twenty~two mm. pressure).

The purlties of all of these nitriles were judged by
their conductances, which are reported in Table 8,



TABIE 7

Physical Constants of Ketones RCOCHg

Specific conductance at 259C.

Dielestric Author's Comparative
Substanece _constant yalne value
Acetone 20,7 st 17° 1.46x10~7 1.73;10‘3{62)
21.5 at 20° 0+60x107"(37)
Acetophenone 18,1 at 20°  0,97x10™7 1.80:10‘;(62)
0706x1077(50)
Methyl ethyl 17.8 at 20° 1.66x10%7 1.00:10*;(52)
ketone 1.60:10" (15)
TABLE 8

Physieal Constants of Nitriles RCN

Bpecliic conductance at Z59C.

Dielectrie Author's Comparative
Substanes constant yalue yalue
Acetonitrile 58.8 at 20°  5.8x10™7 3.8x10"" (62)
Bensonitrile 26.5 at 20° 0.66x10™7 0.80x10~7(62)
Fhenylaceto~ 0 -7 7
nitrile 18.4 at 20°  1.10x10 0.50x10"" (62)

Propionitrile 27.0 at 20° 3.00x30™7 10x10™7 (62 )
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Ploric acid proved to be the best solute for use with
these solvents, giving solutlions of sufficiently high cone
duetance to keep the experimental error within bounds, It
was purlified by the same method as that described in Part
I. 3,5«Dinitrobenzoic acid was also tried as solute, but
the conduotences of its solutions were small and the re-
sults not sufficiently accurate.

Conductance Date and Yonizetion Constants
of Pleric Acid in Ketones

The conductances of ploric acid in these solutions
were measursd at twenty-five degrees, The data obtained
sre tabulated in Tables 9, 10, and 11 and presented graphi-
eally in Filgure 8,

Two methods woere used in the extrapclation of the
equivalent conductanse to 1ts value at infinite dilution,
one serving as & check on the other, Both methods are
based on the same assumption, namely that the law of mass
action is followed, in its simple form, over at least a
part of the concentration range., Taking as an example
the following simple dissociatlion,

BA = ® + &,

let the concentration be C and the degres of Adissociation
be O, Then, if the law of mass action holds, the value of



TABIE 9

Conductance of Picrie Acid in Methyl Ethyl Ketone at 259C,

Concen= Speeitflc bliution Equivalent
tration eonductance (eo.) conductance
0.10 82.9x10™7 1x104 0,0829
0,08 62.9x10~7 2x10* 0.12859
0.025 41.5x10™7 ax10% 0.1662
0.0185 28,7x10™7 ax10% 0.2300
0.00625 19.7x10~7 16x10% 0.3150
0.00312 13.5x10™7 sex10% 0.4325
Q" - i:ggxm“‘
TABLE 10

Conductance of Plerie Acid in Acetone at 25°c.

Cencen=~ Specific Dilutlion Fquivalent
tration conductance (coe) conductance
0.10 258 ,5x10™7 1x10% 0.25285
0.05 193.8x10™7 2x10t 0.388
0,025 136.8x107 4x10% 0.547
0.0125 93.0x10"" ex10* 0.740
0.00625 66.7x20" 7 16x10% 1.040
0.00312 48,5x10"7 sex10% 1.400
0.00156 20.2x10™7 s4x10% 1.925

Aoz Teb

XK : l.38x10~%
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TABLE 1l

Conductance of Pieriec Aeid in Acetophenone at 259C.

Concen~ Specifiec Pilution Equivalent
tration eonductance (ce.) conductance
0.10 3.94x10~7 1x10% 0.00394
0.08 2.49x10~7 2x104 0,00498
0.025 1.66x10~7 4x10% 0.00660
0.0125 1.24x10~7 8x104 0.00995
0,00625 1.09x10~7 16x104 0.01744
0.,00312 0.35x10"7 sex10% 0.01120
Ao = 0,35

K = 1.5x1079
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the equilibrium constant will be given by the exprsssion,

Assuming that in the case of a weak asld the sonductance
ratio is equal to the degree of dlssoslation and substlitut-
ing the conductance ratie for the degree of dissosiation in
equation {4) and rearranging, we obtain

2 2 2
5 x- CN/As CA .
(6) /1= N/No Ao(Ag-A)

By rearrangement equation (5) may be written in the follow=-
ing forms

; - KAo _ _ A _Rr
(6) C/N N K/\.o_j-\_—B

whers A snd B are constants, .

Then, if ocur assumptions are justified, a plot of CAN
{equal to the specific scnductance timea ten to the third
power) againat 1//\. should be a straight line. Extrapola«
tion of thils line to the axis CA eqguals gzero gives the
value of 1/A for an infinitely dilute solution, from which
the valune of Ao may be caleulated., The assumption that
the mass law would be followed over at least a part of the
conecentration range seemed a reascnable one, since the
measurements were being made on an organic acid in solvents
possessing much less ionizing power than does water, This
was found, indeed, to be the case. BStraight lines were
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obtained, within the limits of experimental error, for all
solutions at the lower end of the concentration range.
This method of extrapolation 1s 1llustrated in Figure ©
for the solution of ploric acid in methyl ethyl ketone.

The chief disadvantage of this method lles in the
diffioulty of reading sccurately the value of 1/\ at its
intertept when J/\o is very large. Therefore, the method
of Washburn (75) was used as a check. This method is also
based on equation (5). It consists of plotting K of equa~
tion (5) against the concentration, assuming walues for N\o.
In the region eof concentration where the law of mass action
1s followed, K 1s independent of concentration. Therefore,
if the value of Ao has been assumed correctly, in this
region the curve becomes & straight line approsching the
K axiz at right angles, If the value of J\o is not correct-
ly chosen, the surve is not perpendicular to the X axis,
but slopes up or down. Since the value of /\o is already
known falirly accurately from the first extrapolation
method, little trial and errcr in determining the value
for /\o 1s necessary. This method 1s somewhat more sensi~
tive than the graphical method for solutions where /o is
large. The method 1s 1llustrated in Figure 10 for the
solution of pleric aoid in methyl ethyl ketone, This
methed gives at the same time the ioniszation constant for
the seid in the solvent under consideration,
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The equivalent eonductances at infinite dilution,
together with the ilonization constants of plerie aeid in
esoh of the solvents as determined by the methods outlined
above, are given in Tables 9, 10, and 11, along with the
conductance data for these solutions.

The results for pleric acld in acetophenone were
somewhat erratie due to the extremely low conductances in
this solvent, and the fonization constant found for pierie
acld in this solvent is probably not of the same accuracy
a8 the constants found for the acid in the other two sol~-
vents. However, in the author's opinion, there can be no
question but that this sclvent had less ionizing power
than the other two. Solutions in the scetophencne were
almost water~white at the lower concentrations. In the
other two solvents at the same conocentrations the solutions
were distinctly yellow. The yellow color of plerie acid
aolutions is very probably due to the pierate ion, as
solutions of this compound in ethyl- or n-butyl ether,
both solvents whose lonising power has besn shown to be
very small, are sclorless at concentrations up to one~
tenth molal. This lends at least gualitative suppert
for the value found for the ionization constant. In the
author's opinion, this constant 1ls correct as regarde its
order of magnitude although the value of the numerical
part of the constant may be somewhat grester or less than
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the value given in Table 1l.

The relstionship betwesn the ionization constants of
pieric aeid in each of the solvents and the electron-
sharing abilities of the R groups is illustrated in
Figure 11. On the same coordinates are plotted (dotted
line) the ionizations of the ascids RCOOH in squeous solas
tion. This shows olearly that those radieals whiech, when
attached to the carboxyl group, give it a relatively high
fonigation also decreese the lonizing power of a solvent
when they are sttached to the solvating group of the sole
vent meolecule,

To facilitate comparison of these results with those
obtained oryoscoplically there ars plotted in Figure 12 the
percentage lonizations of picriec aeld in each of these
solvents as & function of the elesctron-sharing abilities
of the R groups. Curves are drawn for the conceatrations
one- gnd two-thousandthas mole frasticn ef pleric acid.
Also plotted on this graph are the values for the disles-
trie constants of these solvents (dotted line).

Conductance Data and Iontzation Constants
of Plorie Acld in Fitriles

The data obtained for these aolutions are tabulated
in Tables 12, 15, and l4. The conductances of benzonitrile
and propionitrile solutions are represented graphically
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in Figure 13. Since some unusual diffieulties were en-~
scountered in the course of these measurements, a further

disecuasion 13 Iindiecated.,

Effect of Solvent Assocelstion en Rate of Ionization

It will be remembered that in the course of the work
on ketones 1t was discovered that in those solvents where
association (via hydrogen bridge formation) was possible,
squilibrium was attained much more slowly than in those
solvents uhmén such association was imposaible. The same
phenomenon was observed in the studies on the nitrile
solutions, In benzonitrile, where the moleculs contains
no lablle hydrogen, egquilibrium was established in three
hours. In the case of the proplonitrile solutions, almost
four days were required for the establishment of equilidbrium.

Acsteonitrile has the highest dlelectric constant of
all of the solvents employed, and it should have a compara-
tively high basicity. In spite of thease facts, the ioniza~
tion in this solvent took place o slowly that no results
were obtained. In the opinion of the writer, this 1s due
to the effect of solvent assoclation on the rate of ionisa-
tion. If the substance 1a highly associated {as 1t should
ﬁo, according to the findings of landee) and the disscelia~
tion into single (solvating) meclesules 1z slow, it is easily
seen that the establisiment of equilibrium would be slow.
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TABLE )2

Conductance of Pleriec Acid in Bensonitrile at 25°C.

Concen~- Bpecific Pilution Equivalent
tretion sonductance (ec.). conductance
0.010 380x10™" 0.1x10° 3.59
0.005 261x10™7 0.2x10% 5.22
0.0025 183x20™7 0.4x10% 7.32
0.00125 123x10™7 0.8x10° 9.85
0.000625 82x10™7 1.6x10°% 13.11
0.000312 52.8x10"7 3.2x10% 16.90
0.000156 33.8x10"7 6.4x10% 21,60
0.000078 20,5x10"" 12.8x10% 26,25
0.000039 12,5x10"7 25.6x10° 31.50
101 Dosxaoms
TABIR 13

Conductance of Plerie Acid in Phenylacetonitrile at 25°C.

Concen= Spesific PliutTon Equivaient
tration csonductance (ce.) conduc tance
0,0025 90,3x10™7 0.4x10% s.61
0,00125 78.8x107 0.8x10° 6.30
0.000625 53.9x10™7 1.6x10% 8.62
0.00081¢2 52.4x10"7 s.2x10° 10.38
0.000156 17,7x10™7 6.4x10° 11.30
0.000078 10.2x10™7 12.8x10° 13.17
Ao = 16,05 .

K = 4.8x10™%



TABIE 14

Conductance of Ploris Acid in Propionitrile at 25°C.

Concen~ Specilic Pilution Equivaient
tration conductance (ces) conductance
0,006 1560x10™7 0,2x108 27.2
0.0025 978x10~7 0.4x108 39.1
0.00125 657x10"7 0.8x10° 52.5
0.000625 412x10°7 1.6x10% 65.9
0.000312 261x10~7 3.2x106 80.4
0.000156 147x10™7 6.4x10°% 94,0
0.000078 84x10™7 12.8x10° 107.5
0.000039 45,1x1077 26.6x10° 115.5
0.000020 23.35x10"7 51.2x10° 119.2
J§° p ifgaxxo"
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Something of the sort seems to be the case. The solutions
were almost colorless when msde up, indicating that little
ionigation had taken place. The color of these solutions
despened very slowly and the conductances increased very
alowly also. At the end of a month the conductance was
still increassing at about the initial rate., 8Sinece there
was no indicetion that equilibrium was near to being at-
tained, determinations in this solvent were abandoned.

Effect of Solvent Association on Conductance

Difficulties of a different nature were encountered
in working with phenylacetonitrile. The material first
obtained (Eastman) was distilled twice in an atmosphere
of purified nitrogen. Its sonductance after the second
distillation wes 1.1 x 10”7 and as this compared favorably
with the values in the literature, the solutions were made
up, allowed to stand for three days, and their conductances
determined. The data obtalned on this run are presented
in Table 13.

It will be remembered that one of the methods used to
determine the conductance at Infinite dilution of thease
solutions consisted of plotting CA sagainat 1/A . In the
concentration range where the mans law was cbeyed, s
straight line was obtained., If anything was wrong with a

series of solutions, 1f the solute or aolvent contained
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any signifieant impurities, deviations from the straight
line were obteined. By the extent of these deviations,
if any, was judged the accuracy of the run.

Excellent data (by this criterion) were obtained for
the runs in dbenzonitrile and propionitrile, In the case
of the phenylacetonitrile, the deviations were fairly large.
Therefore, a second run was attenpted. The solvent was
recovered by steam distilletion, followed by two distilla-
tions under reduced pressure in an atmosphere of purified
nitrogen exactly as before., The sonductance at this point
was 2.5 x 1077, indicating that the solvent was not quite
a8 pure as before, but still good enough for msking a run,

The solutionsz were made up in the usual manner and
were yellow in color, indicating that considerable ioniza~
tion had taken place, However, the conductance had dropped
off tremendously, For example, at & concentration of
twenty-five ten-thousandths molar, where the cell resis~
tance had been about twenty thousand ochms, it was now
about one hundred seventy thousand ochms at that concentra~
tion. 3Since the apparatus would not measure resistances
above about two hundred thousand ohme with any degree of
precision, no runs could be mede on thease soluticns.

The only explanation the author can offer soncerning
this 1is that there must have been some change in the
molecular state of the solution. The fast that ionization



-92-

had tsken place was indieated by the yellow color of the
solutions. The color was ér sbout the same intensity as
that of the benzonitrile solutions, If the ionization was
considerable in both cases, then any such vast change in
the conductance must have deen due to a change in the ionie
velocities, This would indieate that the proton waes deing
solvated by a mueh larger moleculs, probably an assoclation
complex of some sort.

It must be admitted that all this is largely conjecture
on the author'’s part. In his atudies on asscciation, Turner
{65) came to ths eonclusicn that the tendency toward assooli-~
ation of organic compounds depended on the presence, in the
associating moleoule, of certain electronsgative groups,
Thess groups are presented below, erranged in the order of
their decreasing effectiveness in promoting asaocociation.

~0H ) ~CONHpy ) ~COOH ) ~NOH ) «CK ) -SH ) ~CSNHp ) ~CS0H)
~NHp ) =-CHO
It may be seen from the position in this series of the
eyanide radical that these nitriles contain groups capable
of csuaing considerable association,
However, no methods above reproash are available for

studying the molecular status of pure liquids. All methods
for such studles are based on the determination of some

physical constant, or constants, of liquids assumed to be
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normal {as regards their molecular status), such as benzense,
carbon tetrachlorids, ete, These constants are then oom-
pared {by means of empiricael equations) with those for other
iiquida whose molecular status is the subjeet of study.
Deviations ere attributed to assocciation or dlascclation.

One such equation is the Ramsay~Shields equation,
whieh may be written in the following form:

Y(Mv)® - % (Med% _
t, -

where:

Y = surface tension.

¥ = molecular weight,

v =specific volume,

t =temperature at which & measurement is made,

k za oonstant, equal to £.12 for a large number of

"normal™ liquids.

S8ince the value of k is known, it can be used to ealou=-
late the moleoular weight of an assoclated liquid if the
surface tensions and densities are known for the liquid at
two temperatures. Calculations using this equation give
the following association indices (assocefation index egquals
apparent molscular weight/theoretical molecular weight) for
a series of nitriles (65).
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Acotonitrileceiecsecsses 173
Proplonitrile...ccsveess 1lu48
Bongonltrilo.cecescssecres 1,08

This 18 in accordanse with the results obtained in thils
study, Phenylacetonitrile, however, 1s apparently un-
associated asccording to calculatlons using this equation.

Another such method for determining molecular weights
of liquids ia based on Longinescu's relation,

2
a/n

wherea:

T = boiling point in degrees Absclute,

4@ = denaity at zero degrees Centigrade.

n = the number of stoms in the molecule or assosiation
complex,

K =a constant, equal to 100 for a large number of

"normal® liquids,

Calculetions using this equation give the following associa~
tion indices:

Acotonltriloccessecscssce 33
Propionitriles.cecscscnss 243
Phenylacetonitrile.cscees 148
Bengonitrile,ceseccccsses 106

Again, these results agree only partially with the explana~
tions sdvanced above,



Other methods, similar in principle to those dlscussed
above, are reviewed in Turner!s monograph. In general,
these methods give results agreeing with those presented
above, In all cases the order of decreasing assoclation
is acetonitrile ) propionitriles ) benzonitrile. ~No further
data concerning phenylacetonitrile are given, nor are any
such data presented in the more recent literature.

However, such methods as those discussed above are not
to be taken too seriocusly. While they may be taken to indi-
cate that association does ococur in certain liquids, it is
very doubtful if either of these methods or any simllar
methods give a {rue measure of the molecular somplexity.
Agroament among the valucs obtained by different methods
for a given liquid is almost non-existent, and the values
given sbove must be regarded as qualitative evidence at
best,

However, all of these methods indicate that acetonitrile
i1s the most highly assoclated member of this solvent serles,
Thus, it seems quite probable that the abnormelly slow rate
of ioniszation in thls soclvent can be ascribed to assocla-
tion. As mentioned above, this interpretation is fully
supported by the relationships between rate of ioniszation
and possibllity for association observed for the cther solu-
tions studied.
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In view of the scarcity of data concerning the mole=-
cular status of phenylacstonitrile, it cannot be said that
the explanation advanced concerning the variation in con-
ductance of the solutions in this solvent iz either proved
or disproved., The rate of lonization in this solvent (for
the first run the ionizatlion rate was about the same as
that for propionitrile solutions) indicates that there 1s
a considerable amount of association in this solvent., In
view of this, the explanation advansed above 1s at least a
reasonable one.

It also seems likely that solvent assocciation affects
the extent of lonization as well as the rate at which it
takes place and the conductanse of the solutions. The
nature of this effect will be discussed more fully in a
later section of this paper.



- 07 =

DISCUSSION OF RESULTS

Relationship between Ionizing Power of Solvents
and Electron=sharing Abllities of Substituent Groups

The results bear out the predistions msde in the theo-
retical portion of this thesis, namely, that those radicals
which csuse a relstively high degree of ionization when
attached to the ecardboxyl group in acids tend to deecrease
the ionizing power of a solvent when attached to the funce
tional (solvating) group in the solvent molecule, This
relationship 1s clearly shown in Pigure 11, The solid line
repreaents the ionization of pleric acid in ketones of the
type RCOCHy, and the dotted line shows the ionization in
agqueous solution of acids containing these (and other)
radicals. It 18 easily seen that those radiesls which
have a large elsctron-sharing ability reduce the ionizing
power of the solvent, and vice versa for those radicsls

which have small eleoctron-sharing abilitles,

Effect of Dlelectric Constant of Solvent

That the dielectric constant of the solvent cannot be
the controlling factor 1s easily seen from Figure 12, The

dielectric constante of these solvents are all sabout the
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same, but their ionizing powers are quite different, the
fonization constant of piloric acid in acetophenone bheing
only about one-tenth of its value in the other two solvents.
Further, although acetone has a higher dislectric constant
than does methyl ethyl ketone, the latter solvent has the
greater ionizing power. Hence, in ionization of this type
the dielectric constant of the solvent must be regarded as
being of secondary importance.

No curves can be drawn for the values of the ionisza-
tion constants in the nitriles due to the dublious value of
the results in phcnylaéctanitrilo. The results whose ae~
curacy appears sdequate, however, support the roéults ob=
tained using ketones as solvents. In propionitrile
(electron-sharing ability of R eguals ~1,.8) the ionization
conatant 1s 4,26 x 10", while in benzonitrile (electron=-
sharing ability of R equals 4,2) the ionization constant
is somewhat smaller, 1.0 x 10™%, The dlelectric constants
of these solvents are almost exactly the same (benzo-
nitrile 26,5; propionitrile 27.0, both measured at
twenty degrees). Hence, the relationships between their
ionization constants can be accounted for in terms of the
postulates of this thesis, but not in termas of the Nernst-

Thomson rule.
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Comparison of Inherent Basleitles of Functional Oroups

A further relstionship can be pointed out, which shows
the carbonyl group to have a higher inherent basicity than
does the cyanide fadical. Cunalder the cases of the aolu=-
tions of pieric seid in methyl ethyl ketone and in propio-
nitrile, While the dlelectric constant of the nitrile is
eensiderabli greater than that of the ketcne, the magnitude
of the ionizetion constants of pleric scid in these sol-
vents 13 about the same., This suggests that the carbonyl
group possesses more inherent solvating power than does the
cyanide radical, In his studles on association, Lendee (40)
confirmed a series of functional groups (originally deduced
by Auwers) which, when substituted into a solvent moleculs,
exerted a normalizing influence on the molecular welights of
subatances dissolved in these solvents; 1,e., these groups
prevented sssociation of the solute molecules, Thils series

of radicals was as follows:
-0H ) =COOH ) -NHg ) ~CHO ) «CE ) ~COOR ) =NOg ) =X

Landee interpreted this normaliszing effect as bdeing due to
the sbllity of the solvent to solvate, or associate with,
the solute, thus preventing it from assoclating with itself,
This series, as given above, 1s arranged in decreasing

order of normaliszing effect, and it shows the carbonyl
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group {at least in aldehydes) to possess this power to a
greater degree than does the oyanide redical. Since ioniza-
tion, of the type studled in the work described, depends on
the ability of the solvent to solvate the meid andéd then re-
move the solvated proton, we might well expect that the
carbonyl group would have a higher inherent basicity than
does the eyanide radical and therefore to be m better
fonizing group in a solvent molecule. This appears, indeed,

to be the case,

Relationship between Solvent Assoclation and Ionising Power

The statement was made in comnection with the theoreti-~
eal dissussion that the basiocity of solvents might de ex-
pected to depend, to & certsin extent, on the molesular
status of the liguid solvent, particularly in regard to the
amount of association (via hydrogen bridge formation) of
the solvent molecules, A more complete discussion of this
effect may be in order here, There sannot be a great deal
of doudbt that associstion must play an important part in
determining the solvating power of molecules., The results,
or rather lack of results, on solutions in acetonitrile,
are witness to this fact., Consider the case of a ketone as

solvent., It 1s more or less commonly believed that the

maximum covalence of oxygen 1s three, which means that it
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can donate one pair of electrons to form one coordinate~
covalent bond, This means that, 1f this valence is used
up in assoclation with another solvent molecule, it 1is no
longer available to solvate the proton of an acid and cause
it to ionige., This i1s certainly the case with the nitriles
sinee nitrogen, the donor atom, has only one free electron
pair. Thus 1t would appear that association of the solvent
would tend to decrease its ionizing power by cutting down
the mumber of solvent molecules available for solvation.
This 1s somewhat at variance with accepted ideas on this
subject since it 1s widely believed that thes more highly
associsted a solvent 18, the greater lonizing power it
possesses. The suthor does not dispute this fact; it is
merely his contention that the ioniging power is not be-
cause of the associstion, but rather in spite of 1t, The
very fast that the solvent is highly assoclated shows thst
thers must be present in its molecule atoms of considerable
donor power. The greater the donor power of this atom, the
greater ionizing power it might be expected to have, and
also the greater would be 1ts association.

It was zhown by Landee that association was promoted
by the same radicals which inhibited dissociation of an
>aeid, 1,6., redicals of small electron~sharing ability.

It has been shown in the present study that these same

radicals, when substituted into a solvent molecule, inocrease
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its ionising power, other things being equal. Then, grant-
ing the assumptions above, these two factors must work
sgainst each other. Of the two, the increase in fonizing
power due to increased donor power must be the greater,

or the reletionships shown above would not have besn obe
tained. However, it 1s obviocus that there can be no simple
relationship between elestronic properties of radicals in
the solvent molecule and fonizing power unless the relative
contributions of these two factors can be evaluated in

some way. Since there is no very good method availeble for
studying the molecular status of liquida, the posaibility
of such an evaluation is remote.

Although the confirmation of these ideas has not been
camplotely realized, we may cite one piece of evidence in
support of them. This concerns the relationship between
the lonization constants obtained for the plcriec aseid in
the ethyl~ and phenyl-subatituted ketonss and nitriles,

In the case of the ketones, where each solvent is capable
of assocligation, the ionization constant in the ethyle
substituted ecompound (methyl ethyl ketcne) is about thirteen
times a8 great as it 1g in the phenyl-subatituted compound
(acetophenone ). In the case of the nitrilea, where the
ethyl=-substituted compound (propionitrile) can associate,
while the phenyl-substituted compound (benszonitrile)

cannot, the ratio of the ionization econstants is only about
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four to one, The fact that the lonization of the acid in
benzonitrile was relatively higher can be explained satis-
factorily by the theory discussed asbove, The donor power
of none of its functional groups was wasted in assoclating
with other solvent molecules; all of them were avallable

for zolvating the protons.

Comparison of Results with Those Obtained Cryoscopically

Before terminating this discussion, it might be well
to consider the relationship between the two sets of re~-
sultes obtained by different methods. The values obtained
by the eryoscopic method are much higher than those ebtained
conductimetricslly. There are several reascns why this
might be so. First, the solvents used in the eryoscopie
determinations were likely not as pure as those used 1in
the conductimetric measurements since the conductance of
a substance 1s a better measure of its purity than is ita
melting point, Second, in the technique employed in making
eryoscopic messurements the aoclutions were slmost con-
tinuously exposed to the alr. This could not help but re-
sult in the absorption of considerable amounts of molisture,
and as was shown in the conductimetric work, small amounts
of moiature inorease the ionization a good deal, at least

at lower concentrations. Finally, it is almost certain
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that in the concentration range whieh is effective for
making eryoscopic measurements (five= to ten-hundredths
molal) the solutions are no longer truly "dilute®™. This
may be seen from Filgure 10, Here the mass law constant
is followed only in the region from gzero to twenty-five
thousandths molal, and at concentrations above these the
consteant rises quite rapidly. This would mean that the
equaticns applied to determine the apparent moleculer
wolght would not be striectly applicable in the range in
which they were employed,



SUMMARY

1, Theoretical considerations have been presented to
show that the lonizing power of s solvent should be an
inverse function of the electron-sharing abilitles of the
radicals attached to the functional (solvating) group,
other things being equal,

2. Cryoscopic measurements of the ionizations of
pieric acid have been made on solutions of the acid in
acetophenone, benzophenone, phenyl p-tolyl ketone and
propiophenone,

3. Conductimetric measurements have bsen msde on
the ionizations of pioeric acid when dissolved in ascetone,
acetophenone, methyl ethyl ketone, bensonitrile and propio-
nitrile,

4, It has. been pointed out that the rate of ionization
of the acid 1s greatly affected by associstion of the sol-

vent molecules,

5. The data obtained by the above measurements have
been shown to substantiste the postulates put forth in
the theoretical part of this thesis,
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6. A theoretical discussion has been presented in an
attempt to clarify the relationahip between the association
of & solvent and its ionizing power,
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