IOWA STATE UNIVERSITY

Digital Repository

Iowa State University Capstones, Theses and

Retrospective Theses and Dissertations . .
Dissertations

1934
The effect of the solvent upon the polar properties
of organic compounds

Lyle David Goodhue
Towa State College

Follow this and additional works at: https://lib.dr.iastate.edu/rtd
b Part of the Organic Chemistry Commons

Recommended Citation

Goodhue, Lyle David, "The effect of the solvent upon the polar properties of organic compounds " (1934). Retrospective Theses and
Dissertations. 13681.
https://lib.dr.iastate.edu/rtd /13681

This Dissertation is brought to you for free and open access by the Iowa State University Capstones, Theses and Dissertations at lowa State University
Digital Repository. It has been accepted for inclusion in Retrospective Theses and Dissertations by an authorized administrator of Iowa State University

Digital Repository. For more information, please contact digirep@iastate.edu.

www.manharaa.com



http://lib.dr.iastate.edu/?utm_source=lib.dr.iastate.edu%2Frtd%2F13681&utm_medium=PDF&utm_campaign=PDFCoverPages
http://lib.dr.iastate.edu/?utm_source=lib.dr.iastate.edu%2Frtd%2F13681&utm_medium=PDF&utm_campaign=PDFCoverPages
https://lib.dr.iastate.edu/rtd?utm_source=lib.dr.iastate.edu%2Frtd%2F13681&utm_medium=PDF&utm_campaign=PDFCoverPages
https://lib.dr.iastate.edu/theses?utm_source=lib.dr.iastate.edu%2Frtd%2F13681&utm_medium=PDF&utm_campaign=PDFCoverPages
https://lib.dr.iastate.edu/theses?utm_source=lib.dr.iastate.edu%2Frtd%2F13681&utm_medium=PDF&utm_campaign=PDFCoverPages
https://lib.dr.iastate.edu/rtd?utm_source=lib.dr.iastate.edu%2Frtd%2F13681&utm_medium=PDF&utm_campaign=PDFCoverPages
http://network.bepress.com/hgg/discipline/138?utm_source=lib.dr.iastate.edu%2Frtd%2F13681&utm_medium=PDF&utm_campaign=PDFCoverPages
https://lib.dr.iastate.edu/rtd/13681?utm_source=lib.dr.iastate.edu%2Frtd%2F13681&utm_medium=PDF&utm_campaign=PDFCoverPages
mailto:digirep@iastate.edu

THE EFTECT OF THE SOLVENT UPON THE POLAR PROPERTIES
OF ORGANIC COMPOUNDS

BY

Lyle David Goodhue

& Thesls Submitted to the Graduate Faculty
for the Degree of

- DOCTOR OF PHILOSOPHY
Ma jor Subject - Plant Chemistry

Approved

Signature was redacted for privacy.

In charge of Major work

Signature was redacted for privacy.

Head of Major Department

Signature was redacted for privacy.

Deen of Graduate College

Iowa State College

1954



UMI Number: DP12715

INFORMATION TO USERS

The quality of this reproduction is dependent upon the quality of the copy
submitted. Broken or indistinct print, colored or poor quality illustrations and
photographs, print bleed-through, substandard margins, and improper
alignment can adversely affect reproduction.

In the unlikely event that the author did not send a complete manuscript
and there are missing pages, these will be noted. Also, if unauthorized
copyright material had to be removed, a note will indicate the deletion.

®

UMI

UMI Microform DP12715

Copyright 2005 by ProQuest Information and Learning Company.
All rights reserved. This microform edition is protected against

unauthorized copying under Title 17, United States Code.

ProQuest Information and Learning Company
300 North Zeeb Road
P.O. Box 1346
Ann Arbor, Ml 48106-1346



g NF D ' ’
(GRS - O - —
G plE e y2e-7?

ACKROWLEDGMENT
The suthor wishes to express his sincere appreciation of

the advice and assistence of Dr. R. M, Hixon who has directed

¥tnis investigation.

T 4792



INTI?OBUSTION LA L A A A I N A L L S B SR S

4

st GUS SI qu OF ﬁm“fﬂﬁ D - » * o’ » * * - L - L E - 3 - -

EXPERIVINTAL o o o o o o o ¢ s ¢ v » o o o ¢ o o o »
Measurement of Cells in Methanel . . « « « + &
Construction of apparatus . . + « « « « « &
Preparation of materials .+ +« ¢« &+ o ¢ ¢ ¢ &
The absolute methanol
The amines and thelr solutions
The acids and thelr solutions
Heference electrode8 .+ . + o o o s o = & @
The silver-silver chloride electrode
The calomel half cell
The mercury-mercuric iodide half cell
FPreparation of the hydrogen electrodes ., .
The specifiec sction of the catalysts
The methed of preparation
The source of hydrogen
5limination of liquid junction potentials .
Tables of date in methanol .+ o = » « o« o o
Measurement of Cells in Ethamol . « « « o « = »
Construction of apparatis « « + « « o « « o
Preparation of absolute ethanol . . . . . .

Reference sleoctrodes * e o & & = 5 8 B

Fage

11
il
11
11

15

17

20

21
gl
24
24



‘4{"*

rage
The silver~silver chloride electrode
The merecury-mercuric iodide half cell
Tables of data in ethanol .+ ¢ « « o o o o« + » 26

The Behavior of the Hydrogen iLlectrode . « o« « o » 26
Aection of plaetinum black on potassium scid

Phihalalte o o o« ¢ o ¢ o o o 5 o « o o » &6

The speecific action of palladium black . . . « 29

Gualifications of & good hydrogen electrode . 30

DISCUSSION OF RESULIS I T T T O 32
Galcalﬁtimn of Besults8 o ¢« ¢ o o ¢ o o o o o = & » 3e
Suggestion of Equations %o Correlate

‘Experimental Resulbe o« o ¢ o o« « « « s o « « » 36
Tebles Showing Agreement Delween Observed and
Calculated Valu®S o+ « o « « o o ¢ o o o ¢ & o 34

The Graphical Presentation . . . « « « ¢« &« & « « & 37
Smﬁmlmy - - * - » L » » » * » » - » » - - - " * » - * » 40

LITERATURE CITED ¢ v o o ¢ « s« ¢« 5 5 o 5 o s o = 2 » s « 41



- B o
INTRODUCTI

In previous studies from the Plant Chemistry Laboratories,
a mathematical relationship has been demonstrated between the
relative affinities of different organic radicals attached to
the same polar grouping. In order to arrive at this genersl~
izetion, a considerable number of equilibria have been measured
for reactiens involving organic compounds. The measuremnents
were wade in the solvent most suitable for the particular
reaction. The constants for the primary amines and for the
acids (20), for the w-substituted pyrrolines and pyrrolidines
(7}{27), for the arsonie acids (28), and for a number of other
compounds were measured in water solutions. The equilibrium
constant for the reaction |

ZRHgI T RpHg + Hgl,

and the ionizetion constants for the organo-mercury nitrates
(21}(22) were determined in absolute ethyl alcohol. The
equilibrium consﬁanﬁs for the ra&ctien between chloral and a
series of’marcaptans to form the hemimercaptal were determined
in benzene {£3). Although this work would appear to be quite
extensive, complete data for any one series have not been
available in wmore than one solvent. The following investigation
has been underteken to determine the effect of the solvent upon
the poler properties of drganic compounds.

A recent discussion of the role of the solvent in acid-base
equilibria %as given by Hall (17) at the Cincinnsti symposium

on non=~aqueous solutions. COpinion regarding the solvent
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influence on the physical properties of the solute may be
divided into two divergent schools. The summary of Brdnsted
(3) would indicate that the solvent influence is a constant and
additive factor at least for acids and bases in aloocholic
solution. Conant (6), however, considers that the simplest
relationships between the structures of compounds and the free
energy changes of their resctions will be found in the saseous
state. The date which Conant considers would indicate that the
disturbing influence of the solvent might introduce irregular-
ities as large as 1000 calories in the measurements of the free
energies of a resction,

It is spparent that an attenmpt to compare the relative
affinities of organic radicals by‘measuring the electrical
properties of polar groupings attached to these radicals can
not be successful if the solvent influence on the free energles
of the polar groupings is erratic. As previously stated (2C),
if the elec¢tronie¢ concepts of valeﬁce are at all correct it
would be expected that the variations in the electrical
properties of any polar grouping could be expressed as a
function of the electron sharing ébility of the organic radicel
attached to it. If the polar grouping formed a complex with
the solvent, this complex likewise would be expected to be of
a characteristic structural type for thet particular polar
grouping and solvent. The Tree energy of the polar grouping
with its solvent complex would still be expected to be &

funetion of the electron sharing ability of the organic radieal
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since this 1s the only variable factor affecting the polar
groupling. The enerzy level of the complex would be expected to
be different from that of the free polar grouping and from that
in different solveuts. drratic or irregular iniluences due to
the solvent would be expeeted only if the radical contained
groupings other than the polar grouping which united with the
sclvent. I these laotter complexes did not themselves
dissociete to form eleetrically charged bodles which would
interfere with the measureuents for the polar grouping,
disturbins influences would be expected only if the second
union were located with but fcurikar less atoms between 1t end
the polar grouping.

As pointed out by Brgnsted (8}, the deta of Goldschmidt
indicate that the solvent influence is conotant end additive
for the acids und primary amines In water, methanol and ethancl
solutions. Accordingly, it would be expected that the
dissociation constantis for these two series of compounds in
methanol end ethencl solutions would give curves pasrallel to
the water curves when treated by the graphical method previously
used (20) Tfor demonstrating that the aqueous values could be
expressed ac & mathematical function of the slectron sharing
ability of the organic radicals.

Goldsclunidt's (13)(14)(15) date for the comparative basiec
*This statement is based on the fact that the influence of the

. most negative radicals seem to be completely absorbed before
transmition through four eerbon atoms,.
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strengths of the acids and amines were obtained by the measure-
ment of the degree of alccholysis of the salts using conducti-~
metric methods. Although great ecare was used to justify this
method by the wmeasursment of different combinations of acids
and amines and by application of the method to previously
measured salts in water solutions, the data sre subject to the
general disfavor which is accorded all conductimetric date at
the present time. For this reason and also for comparative
purposes in extending the measurements to other ccm@oundé, it
seemed advisable to compare some of Goldschmidt's waelues with
values obtained by the potentiometric method using & hydroxen
electrode in methancl and ethanol solutions. A series of four
a=substituted pyrrolidines was also measursd in methanol to
demonstrate that the constant influence of the solvent wes not
limited to the structures charscterized by the priusry amines

and acids.



The measurement of cells in non~agueous solvents has been
guite limited due probably to the difficulties esuoclated with
measuremnents ol cells of extremely high resistasnce. 4Also the
affect of watsr on tho measuremsnts, the insolubility of the
salts and the evaporation of the solvent heve done much to turn
workers away from this probles.

ﬁlth@ggh electrometric wethods have been used in mixed
solvents to determine dissociation constants almost no definite
values have been reported in pure solventis. Only recently
Hartley (5)(24) has roported the valus of an sasily reprocducesble
referenca electrade and hes ghown that the hydrogen electrode
can be used successiully in both methyl and ethyl eleochol.

Freliminery studies were made to eliminate using; the
apparently troublesome hydrogen clecirode. The glass electrode
was tried and feuh& to be very unsstisfactory. Later Dole (9)
pointed cut that this slectrode 1s not dependeble in solutions
where the wate activity is extremely low. The gquinhydrone
slectrode in alcohol could not be made tc yield a steady
potentisl in confirmation of the attoupts of Buckley and
Hartley (4.

The hydrozen eleclrodg was [inally adopted and in connection
with s vacuun Pube poventiomster has proved to be & very valuable
tool in the determination 0% dissoclation constints in alccoholie
solutions, The values reported here are obtained by measuring

tue hydrogen ion activity ol the half-ncutralized slcoholle
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solutions &iraatly anslogous to the method used in water. The
results are subject to some correction as soon as sufficient
data are made avsilable to ealeulate ion activities.

Whilavthis investigation was in oprogress, Harned and
shlers (18) published z very accurste method for determining
the disscelstion constant of acetic acid in water solutiocns.
By measuring the cell

PE/H. (1 atn) Hielm,) Nasie(m,)} Nall (ms) AsCl/ig

at & number of different concentraticns and extrapolating
certain functions to zero ionic concentration, he obtained the
corrected disvocistion constant, It is necessary to know only
the standard clectrode potentisl of the silver-cllver chloride
electrode at the desired temperature‘ﬂnd an approxiusaete value
of the dissoclation constant of the acid. Since these values
are now known in both methanol and ethenol, it is quite
probable that accurate values for the dissociation constants
could be obtained in thesc solvents. In using this method it
is not necessary to know the lon sctivities since they appsar
as 7 ratio which is very closge to unity and becomes unity upen

extrapolating to zere concentration,



The high resisztance of aleoholic sclutions causes con-

sldereble difficulty in the measurement of the E.M.F. of cells
by the ordinasry methods. 4 vacuum tube potentiometer arrange-
ment designed for elimination of this difficulty with the glass
electrode iﬁ water sclutions was found equally satisfaetory for
¢cells in methanol seclutions. The instrument employed was
develape&~ﬁykacodhue, Schwarte and Fulmer (16) end constructed
according to the diagram in Figure 1.

All measurements were made in an air bath controlled by a
sensitive DeXiotinsky regulator to 2560 *0.l. The cabinet was
lined with coner gauze which was grounded to prevent
interference by the alternating current used in the heating
units. This shielding is not necessary when the b.M.rF, of low
registence cells 1s measured. The Weston cell used was checked

agalinst two cells certified by the Bureau of otandards.

The absolute methyl alcohol was prepared simllar to the
method of Hartley and Halkes (19). 7his method consists of a
careful fractionation of 99 per cent synthetic methanol through
a three oot lempel column, drying with aluminum amalgam and
finally distilling from freshly prepared anhydrous copper
sulfate. Alcohol prepsred in this way had a density of 0.7866

+0.0001 as compared to pure methyl alcohol with & density of
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—2 3 — CALOMEL hALF CELL.

Figure 1.

The above diagrams are from the publication by
Goodhue, Schwarte and Fulmer (16). <“he lower figure
shows the construction of & glass electrode.
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C.7864 at 3800. the water content was also checked roughly by
adding celeium carbide, filtering and treating with ammonical
cuprous chloride. The amount of red coler developed was a
measure of the water content. Hartley and Haikes recomaend

this test for methyl alcohol but state that it is not satis-
factory fTor ethyl aleohol. ‘i'he aleohol was stored in stopperead
Lrlenmeyer flasks. After the first few runs, 8ynthetie.metnanol
was used since no aifferemee'cauld be detected in the results
with alcohol from the two different sources.

In the primary amine series, the o~chlorobenzylamine was
prepared by the methed of 7ranzen (1l2). The oxime of o-chloro-
benzaldehyde was prepared and reduced with zine dust and acetic
acid. The hydrochloride of the amine was prepared by passing
hydrogen chloride gas into an slcholie solution of the free
amine from which the sali erystallized very easily upon cooling.
After several crystallizations éotassium hydroxide was added to
a yorticn of the hydrochloride and the {ree amine was dried,
distilled, and sealed in spall tared ampules. The amiﬁe readily
forms the carbonate from the carbon dioxide in the air.

The other amines and acids were purified either by
erystellization or fractional distill@tion from purchased stocks.
The substituted pyrrolidines were furnished by utarr aad
Bulbrook (27) of this luboratory. In the amine series the half -
neutralized solutions of the more basie members were prepared by
weishing equivelent molal quantities of the free base in awmwpules

and the hydrochloride sslt. The half neutralized solutions of
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the amines less basic then p-teluidine had to be prepared by
adding half the equivalent swount of an alcoholie hycrogen
chloride solution that had been previously standardized agminst
a known base i: water solution. Solutions of p~toluidine were
prepared by both methods and the results were found to azgres
very c¢lesely. The alcoholic hydrogen chloride is not stable
due to esterification and must be uscd within a Tfew hours after
preparation. ilartley has found that the rate of esterification
is Q.29 per cent per day at 2ﬁac,

In the acid series, benzoliec, p~toluie and p~bromobenzoic
acids form étable half-neutralized salts which can be purified
by recrystallization from slecohol. They are described by Farmer
{11) who prepared them by completely nsutralizing a guantity of
the free scid dissolved in alecohol with potaésium hydroxidg, and
then adding another equal guantity of acid. Upon cooling, the
acid salts were easily crystellized. They were dried over
phosphorus pentoxide and checked for purity by titration. In the
other cases, the half-neutralized solutions were prepared by
welghting equal molal gquantities of the free acid and the sodiun
or potassium salt,

411 solutions were made up by weight, and the concentrations
were expressed in terms of molalities., The hydrogen-ion
activity of the sclutions was measured within three hours arlter
preparation. . Repeated tests showed no detectable difference
in the hydrogen ion ectivity of these solutions after five hours

indicating thet esterificatlon is not appreciable under these
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conditions. MNeasurements on solutions one day old usually

showed a c¢hange of about 0.05 pK units.

Referenc

The ealomel half eells in methanol were not constant and
although convenient %o use as reference electrodes they must be
standardized. 'The silver-silver chloride electrode was used
for the purpose ac recommended by Buckley and Hartley (5). ‘Tha
silver electirodes were prepared by the electrolytie method of
%ﬁalnnes and Dbeattie and were chloridized in & €.1 m solution of
sodium chloride in methanol using a current density of rfive
milliamperes per elecirode for twenty minutes. The elecirodes wers
. always prepared in duplicate and were reproduce:ile to 19.2
williivolt.

‘ﬁecently’%rown (4) has shown that silver deposited from a
solution of pure yatassium,silver cyanide produces & superior
electrode. Wwhile this method does not change the initial I.M.TF.,
the 1ife of the electrode in alcoholic sclutions was found to be
greatly inereased. |

The calomel half cells with 0.1 m sodium chloride in methyl
alcohol used as reference electrodes were always maintained at
least in duplicate. The Z.H.T. of the salts measured apainst
the sgilver-silver chloride electrode dropped during the first
month Trom 0.0475 to 0.0457 volts. Two of these cells after
being uéed by a number of individuals without special precautions
over a twelve mbﬁth period had en L,M.F. of 0.0458 and 0.C465

volts. Buckley and Hartley report the velue of the cilver-silver

(ORI RI P
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chloride eleectrode as +0,071l1 volts when referred to the normal
hydrogen elec¢trode in methanol as gero., This value should be
added to the above values of‘the~célemal hali zells to give
their veltagesvin reference to the normal hydrogen electrode in
methanol., The calomel half cell has been used for all
measuyrements in methanol.

After working in ethyl alcohol it was found that a half
eell of the type

| Hg / Hgle(e,) XI{es) //
is very easily prepared and can be readily duplicated to +0.2
millivolts. Concentration cells of this type (22) in ethanol
solutions remalin eonstant for several months.

To test the precision to which these cells could be duplicuated
in methyl slechol, two half cells containing different molalities
of mercuric iodide were prepared and measured against each other.
‘The eell | . ‘

Hg / Hgl,{0.01 m) KI(0.05 m) // KI(C+0g m) HEIl,(0.0C5 m) / Hg
was measured at intervals over a psriod of one month and the
voltage, 0.0137, was found to be constant to G.2 millivoltis.

Hew cells prepared at the end of a month and checked apainst
the old ones of the same concentretion showed no more change
than 0.2 mill:}.volt-s‘. |

The value of these cells referred to the normal hydrogen
elegtrode in ﬁ@thanﬂl wa s détermin@d by measuring the voltage

against the silver~silver chloride electrode similar to the
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procedure for the celomel holf cell, LZlectrodes prepared by
the method of Brown (4) gave the value 0,8737 volts. &ince
the mercuric iodide halfl cell is negative to the hydrogen
electrode, 0.0711 volts must be subtracted from the above value
to obtain the value Tor the mercuric iodide half cell, If the
liquid junction potential is calculated according te Hartley (1)
{8}, by substituting the mobilities of the ions in methanol, in
the ordinary equations for water solutions, a valus =-0.00Z
volts is obtalned. Therefore the true voltage of the 0.005 m
mercuric iodide half cell in 0.05 m potassium iodide is -0,2032.
In caleuloting the liquid Junetion potentisls, the smell concen-
tration of mercuric lodide was neglected since lhere were no
formulas for complex salts such as were formed in this case.
All Junctions were made through ground glass stoppers orT

stopeocks and were renewed by flushing after each measuresent.

Preparation of Hydrosen ilectrode.

Both palladiun and platinum black were used as catalysts
for the hydrogen electrode., Identical potentials were obtained
with both cotalysts with compounds not capable of being reduced.
It was found impossible to measure the pyrrelines which contain
one double bond when platinum blsck was used as the catalyst.

It was found leter that peslladiuwn black reduces this double

bond very slowly and a fair ?alue of the disscciastion constants
of the pyrrolidines mey be obtained., 4lso, palladium black gave
excellent results with compounds such as aniline or p=-toluidine

gonteining the benzene ring wihile the vesults with platinum
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black were irregular., Some compounds such as m~chloroaniline
were attacked more rapidly by palledium. Both catalysts were
to0 active to give satisfactory results with nitro compounds
or the chloroagetic acids, reduction being extremely ranid.

Spmall pletinus flags about five millimeters square were
used for both catalysts. The platinum black was deposited from
a three per ¢ent platinic chloride solution containing a trace
of lead acetate, using a current density of 0.2 sumperes per
electrode for three or four minutes. The palladium black was
deposited in the same way from & one per cent palladium chloride
solution in strong hydrochloric acid containing & trace of lead
acetate. The electrodes were eleetrolyzed in dilute sulfuric
acld for five minutes, washed several times in 99 per cent
methanol,*hen in absoluﬁe methanol several times to remove
treces ol molisture.

The eells containing the hydrogen electrodes were constructed
so that the‘hyﬁragen bubbled fram the bottom over the flags
wiich W@re‘kept entirely submerged in the solution being
measureﬁ.v (aaé Figure 2.) The compartment containing the two
hydrocen electrodes was connected by & stopcock,kept closed to
prevent any mercury salts reasehing the hydrogen electrodes, to
another inte whieh the reference electrode dipped. +The two
glectrodes were held in place by a rubber stopper which nad been
previously freed from unccmbined sulfur. ihe hydrogen gas was
saturated with methyl alcohol before entering the cell and wss
used 8irectly. The purity of the hydrogen from each new

cylinder was determined by checking the voltage cbtalned .ith
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the hydrogen electroae in a 0,05 molar potassium acid phthalate
solution in water. The voltage obtained with pslladium
electrodes against & saturated calomel half cell in water was
04805,

Unless complicated by reduction reactions, the cells caue
to egquilibrium in a fewvmiﬁutas and have often remained
constant to +0.5 millivolts for five hours. The results were
rejected 1T the two electrodes did not agree within G.5 milli-
voltl. The electrodes did not polson easily and could be used

repeatedly, but to eliminote any uncertainty, they were freshly

prepared before each measuresent.

The junction between the hydrogen helf cell and the
calomel half cell was made throwsh a glass stopper kept closed
all of the time. FPFartington and Simpson (£6) have shown that
liguid junction potentials in concentration cells of sodium
iodide in ethyl slcohol can be eliminated by a bridgé of
soturated potassium thiocyenzte. Buckley and Hartley (5) have
used a saturated solution of sodium iodide in methyl alcohol
but without cgm@letely eliminating the liquid Jjunction
potentialxa,uin a nuusher of cases during this investisation, a
satursted potassium thiocyanate or sodium lodide bridge was
introduced after the cell had come to egullibriun. In no case
was the voltage changed by more than one millivolt by these

chsnges in type of junction.



Tebles of Deta in Methanol.

The data for the series of organiec acids ln methanol are

reported in Table I. The E.il.F., recorded for each concentration
is the aversgs of two hydrogen electrodes agresing to 0.9
millivelts or less. The concentrations recorded slso include
the ccubined acid and are expressed in terms of molalities.
Similar values are reported in Teble 1I for a series of primesry
amines and m~substituteﬁ‘pyrrali@ines. These tebles include
all determinations and not a selected few that agree within this
range. An attenpt was made to weasure ethyl pyrroline using
platinum black as the catalyst Ior the hydrogen electirode.

The Valta@e rose very rapidly until the value for the corres-
ponding pyrrolidine was reached. This rapid reduction by the
hydrogen slectrode had been made the subject of another
inveagtigation and it suffices to say thet the pyrrolines can be
measured with palladium black as the catulyst and that these

velues will be reported later.

Construction of Apperatus.

Due to the decreassd eactivity of the ions in ethanol, the
resistance of solutions in this solvent is so great that the one
electron tube potentiometer used for methanol solutions was not
sutisfactory. Accordingly, @& four tube outfit described by
#1llis and Kiehl {10) was constructed and found %o give excellent
satisfaction. Fhis instruwsent save a precision of +0.1

millivolts z2eross an estimated resistance of more then a billion
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Table I.

E4diaFo. of Cells for a Series of Organie Acids in Methanol

Pt/H, (1 atm) Aeid // NaCl (0.1 m) HggeCl,/Hg

salt
: Total i HJMoF.
Substance : Concentra- : corr. to : -log ag
: ticn : 760 mu,
Acetie acid 0.0382 0.6688 9,353
0.0346 0.6702 9,36
p-Toluic aeid 0.0411 0.6683 9,33
0.0428 0.6663 9.33
Benzoic acid 0.0400 0.6554 g.11
- C.0545 0.6558 9.12
p=Bromobenzoie acid 0.0340 0. 6630 8.75
00346 0. 6635 &.74
m=-Chlerobenzoic acid CaC4adYy 0.6857 8.55
0.0531 0.6225 8.58




Table II.
BJdl.F. of Cells for a Series of Primery Amines and

g=3ubstituted Pyrrolidines in iethenol

Ft/H, (1 atm) Amine // NeCl (0.1 m) Hg,Cl,/Hg

galt
Total ' : P :
Substance :Concentra-: UL.M.F. 3 ~log ay : ~log K,
. . . . . a0H
n=Butylamine 0.0872 0.8113 11.78 4.92
0.0606 0.8120 11.79 4.92
o=Chlorobenzylanine 0.0751 0.7152 10.16 6.61
0.0524 0.7154 10.16 6.61
p-ioluidine 0.1001 0.5132 6.74 9.97
0.0600 0.5123 6.78 9.98
0.0536 0.5100% 6.68 10.02
0.0217 0.5106* 6.69 10.C0
Aniline 0.0635 0.4792 6.17 10.54
| 0.0644  0.4803 6.19 10.52
m~Chloroaniline 0.0%61  0.3859 4.55 12.15
0.0589 0.3854 4,58 12,13
a~-Cyelohexylpyrrol- 0.0359 0.8123 11.81 4.90
idine® C.0834 O,Bl&@ 11.84 4.87
a~Benzylpyrrolidine 0.0413 0.7880 11.29 D.4L
0.0817  0.7823  11.29 5442
a=~{p~Tolyl) pyrrol- 0.0839 C.7682 11.05 5.66
idine 0.0310 0.7662 ll,OE 5.69
a~Fhenylpyrrolidine 0.0396 0.7576 10.87 5.83
0.0381 C.7572 10.87 0.83

*These values were determined independently by C. L, liehltretter.
These solutions and the remaining ones below were made by

half neutralizing the emine with HClL in meithyl alcohol. The
solutions above this point were made from egual molal
quantities of the amine and its hydrochloride salt.

*The a=substituted pyrrolidines were prepared in this labor-
atory by Helen Bulbrook and D. ¥. otarr (&7).



ohms. ‘they prosent data showlng good preeision up to 100,000
megohnms.
Lreps

cation of cbsolute ethanol.

Absolute alcohol from purchased stocks was fractionated
twice using a three foot Hempel column., In each case the irst
and last third wes rejected. The specific gravity of a typical
gample was found tc be C.78743 compoared with (.78736 for pure

&
alechol at 25 <.

Reference olectrodes.

The standard eleetrode potential of the silver-silver
chloride electrode has heen reported by LacFarlane and Hartley
{24} thus making possible the measurement of hydrogen-ion
gctivities in this sclvent. ‘Though reproduceable, these
glectrodes are noti constant for wore than a few days at the most
and cannot be relied upon for more than one day. The calonel
half cell was not constant and was not recomumcnded. In view of
these facts, the author decided to use one of the mercury-
mercuric lodide half cells reported by Johns and Hixon (28).
These e¢ells were shown by them to be constant to 0.1 millivolts
for at least one wmonth. To confirm these data, two half calls
foruing the cell »

Hg/Hel, (0.005 m) KI (.05 m) // RI (C.05 m) Hegl, (0.01 m)/dg
were prepared and the H.il.F. weasured. The value obtained,
C.0146 vélts, remained constant to 0.1 millivolts for six weeks.
The valuc given by Johns znd Hixon was 0,01455 volis. At the

end of one month & new half oell with a concentration of Q.000 m



;. 85 ...
Hgl, was wmade up and iis £.00L.F. measured against the old half
cell of the same concentration was found %c be 0.0000. ‘These
data indicate the advantage of these half cells as reference
electrodes i the m.i.ls referred to the normal hydrogen
electrode in ethanol could be determined. This has been done
in two different ways: {irst, by measuring against the silver-
silver chloride electrode in a 0.0l m lithium chloride solution,
and second, by using the hydrogen electrode in en aleoholie
solution of hydrogen chloride.

The average of ten closely agreeing values Tor the cell

Hg/HgI,{0.005 m) KI(0.05 m) // LiCl{0.01 m) AgCl/ag
was found to be 0.3098 veolis. ‘The mobilities of the ions given
by Barak and Hartley (1) were used to calculate the liquid
junction potentisls; the value obtained was =-0.0049 volts,
using the formula for water solutions, The (.01 m silver-silver
chloride has been caslculated by nacFarlane and Hartley (24) to
be 0.0594 volts positive to hydrogen, therefore:

«0.3098 «0.0049 +0.0594 = ~0.250L3 volts

which is the value of the wercuric iodide half-cell referved 1o
hydrogen as zéro in ethanol.

The above figure was checked against a 0.169 m solution of
hydrogen chloride in alceochol. The E.l.F. of the cell st a
pressure of 760 mm.

PE/H,(1 atm) HOL{C.169 m) // KI(0.05 m) Igl,.{0.005 m)/Hg
was =0.1431., The voltage for the hydrogen half cell, -0.0853,
was caleulated from the activity dats of Woolcock and ilartley

{(29) and the value, -0.0262 volts, for the liguid Junction
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potential was calculated by the metiiod described for the
preceding cell. Therefore:
~0.143) ~0.0853 ~0,0268 = «(0,2546 volis

which is in good agreement with the value obltained by the first
method. The valus -0.25560 has been used to calculate the
hydrogen ion activities in ethanol,

The preparstion of the compounds and their solutions, and
the technie of messuring the hydrogen ion activity was

exactly as deseribed for the neasurenents in methanol,

Ta

The data for the series of acids are reported in Teble III

and for the amines in Table IV. The toilal concentrstions are

expressed in terms of molalities.

on Potagsiuu bcid Phihalete.

Considerable difficulty is often encountered in the prepar-
ation of a pood hydrogen electrode, especially if the voltage
is checked in a potassium aciﬁ phthalate buffer‘solution. In
a number of cases in thiﬂklaborﬁtory it hes been found impossible
to obtain the veltage corresponding to a pH of 3.87 using
potagsium acid phthalate when platinum black is used as the
catalyst. Hepeabed atteupts to obtain a more setive catalyst
have only ended in an apparently poisoned electrode. In spite
of this fact, these same electrodes gave correct readingss in

phosphate and acetate buffers. To account for the poor results



Table III.

E.Mu¥e 0f Cells for a Series of Organic Acids in kthanol

Pt/H, (1 atm) Aeid // XKI (0.05) Hgl, (0.005 m)/ig

Substance

Acetie acid
pQToluic acid
Benzoic acid
p;Brcmobenzoia acid

m=-Chlorobenzoic sacid

Total Aeid 1 E.M.F. .
Concen=~ : corr. to @ =log apy
tration 1 760 mm, ;
0.0106 0.358% 10,39
0.0212 0.3563 10.35
0.2000 0453600 10.41
U.2000 0.3597 16.40
0.2000 0.3460 10.17
042000 0.5478 10.20
0.2000 0.3149 Y .64
0.2000 C.5154 G685
0.8000 C.31086 9.57
0.2000 C.3089 9.54




Byl F, of Cells for &

Pt/H, (1 atm) Amine

...g@m

Table IV,

Series of rrimary Amines in fthanol

J/ EI {0.08) Hglg (0.005)/Hg

salt
! Total ¢ H s
{ Anmine ¢ DaleF. : :
Substance : Concen~ : corrs. to : ~log ag : -log Kytom

s tration s 760 mm, :
n=-Butylamine 00,0388 0,4381 11l.74 740
0.0325 0.4409 11.77 7.0%7
o-CUhlorobengylamine  0,0210 0.3341 9.97 9.17
: 0.0206 0.3338 9,96 g.18
p-Toluidine 0.0209  0.1436 6.75 12.39
: . 0.0163 0.1412 6.70 12.44
Aniline 0.0482 0.1108 6.1 12.95
0.0385 0.1115 6.20 12.94
0,0529 0.1104 6,18 12.96
m~Chloroaniline 0.0393 0.008* 4,35 14.79

*These values are probably somewhat low due to the rapid -
reduction by the hydrogen electirode.
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in potassium acid phthalate the possibility of reduction of the
benzene ring has suggested itself, and since palladium does not
reduce the benzene ring, an electrode using this catalyst should
give the correct veltage. This has been found to be true.
sleetrodes using pelladium black have always given correct
readings not only in 0.05 m povassium acid phthalate but in
phosphate and acetate bulfers as well. The apperently poisoned
electrodes, using platinum black were probably too active

instead of not being active enough., This conelusion is supported
by the faect that an old hydrogen electrode often gives better

values in pobassium aeclid phthalate than & fresh one.

Before this speecific action of the different catalysts was
noted, eonsiderable difficulty was encountered in meaéuring
compounds containing the benzene ring in alcohoclie solutions.
In fact, the reduction is much more rapid in alcohol than in
water. Using palladium black, very good readings could be
obtained on aniline, p-toluidine, and n~butylamine in both
methyl and ethyl alechol, Platinua black gave ldentical
readings on n~butylamine but always gave low readings with
anilipe and p-~toluidine. Compounds containing a substituted
halogen are always difficult to measure in both methyl and ethyl
aleohol and are often reduced so rapidly that no measurement
can be made at all. with the more inactive halogens a better
reading can usually be obtained with platinum black since

palladium is known to be & good catalyst for the reduction of
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halogen compounds, Accordingly, platinum black has been used
to measure the dissociation consitants of o-chlorobenzylamine,
and'm«ahloreaniline in the amine series, and m~chloro~- and
p-bromobenzoic acids in the acid series,

It has been found more difficult to obtain good results
with the ascids in eothyl alcohol than it is in methyl alcohol,
For example: @& half neutralized solution of benzoic acid in
methyl alcohol will give a perfectly definite and constant
reading, bub in.ethyl aleohol this is not true. Lven acetic
‘acid does not give satlisfactory measurements in ethyl aleochol.
The only possible explanation is that a small smount oi ester
is formed and this is reduced by the hydrogen electrode. In
the cose where methyl aleohol 1s the sclvent, elther no ester

s formed or the moethyl ester is nol as easily reduced. Iialogen
compounds appear to reduce more rapidly in ethyl alcohol,
suggesting that reduction of any reduceable compound might take
place more rapldly in ethyl slecohol., 7This point was checked by
redueing ethyl pyrroline iun both solvenis with the hydrogen
slectirode ané’follawing the cusnge in voltage with the
potentiometer. During the most rapid part of the reduction

the volbtage rose £6 millivolts per minute in both cases.

sualifications of & Goed Hydrogsen Sleoctrode.

If the hydrouen elecirode is functioning properly in
slcooholiec solutions the duplicate electrodes should agree to U.5
millivolts or less. 4lso, after the eleetrodes have come to

gguilibriwa the voltage should not change more than C.0



millivolts when the flow of gas is interrupted, and last,

the voltage should not fluctuate or change with the rate at

which the gas is bubbled through the solution. These ideal
conditions are easlly reallized with compounds not readily reduced
by the hydrogzen electrode.

Zven though difficulty was experienced in the measurement
of the dissociation constants of some compounds, except ior
m=chloroaniline in ethyl elcchol, all the values obtained are
well within 0.1 pK units as far as measurewment 1s concerned.
The value obtained for m~chloroceniline is close to the value
siven by Goldschmidt but it is doubbful i the maximum voltage

is ever reached.



Calculation of Results.

The experimental procedure used for the alcoholie solutions
is directly analogous to the procedure for determining the
ionization constants lfor weak orgenie ;cids and primary amines
in water solutions. 7The calculations of the ionization
constbants for methanol and ethancl have likewise been made
directly parallel té‘th& corresponding calculations for water
sclutions. The values obtained in this way are subjecet to
further precision as a msré refined technie is developed and a
wore extensive Knowledge of ion sctivities in amethyl snd ethyl
alecohol is uwade available,

The hydrogen ion activities were calculoted by the

equation
~log ag = B

00591
which is analogous to the ecuation for water solutions. In the
case of methanocl solutions where the calomel half cell was used
as the relerence elsctrode « is obtained by subiracting the
value of tiils electrode from the recorded voltages in tables
I and 11. 4s previously stated, this value is not constant and
must be determined at intervals against a fresh silver-silver
chloride electrode. The voltage was found to be 0. 1148 during
the time the asmines were measured and 0.1163 volts when the
constants {for the aclids were determined.

In the c¢ase of the sthanol solutions the value of the



mercuriec iodide halfl cell 1s C.2550 volts negative to hydrogen.
Therefore, this zmmount must be added to the recorded voltages
in Tables 1II and IV to obtain « in the above eqguation.

The ionization conslants Tor the amines were calculated
from the hydrogen lon sctivities ol the half-neutralized
solutions by the eguations

" N L ek T
Ky = 1.95 x 10
CtiglH H ion activity

in the case of methanol and by the equation

B0
Ky = 7+28 X 10
CoHyz0H H ion activity

in e¢thanel soluticns. The value 1.9 x ldmz? ziven by Buckley
and Hartley (5) for the dissociastion constant of methanol was
taken since the standard electrode potentials were also Trom
the work of these suthors. The value given by Bjerrum, Uanack
and Jechmeister (2}, 1.07 x ldniv and 0.9 x ldﬁz?, are in pood
agreement with this value. For the ethanol solutions, the
value 7.8 % lﬁmaa given by bLanner (8) was used to calculate
the dissociation constants in ethanol. lselarlone and Hartley
(24) also rsive a valus 19 x ldﬂso which i1s in felr asresment.

A comparison of the velues for p~toluidine, aniline sand
mechloroacetic in Table V and for acetic and benwolec aclds in
Table VI indicates that the values obtained and calculated by
the sbove procedure are in appreximate agreement with the
values obtained by Goldschmidt by conductimetric measurcment of
the desree of alevholysis of the calts. The value calculated
from the concentration cell measurements are usually lower than

the values obitainesd by Goldschmidt.
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Table V.

A Comparison of the Measured and Calculasted Ionization
Constants for a Series of Crganic Acids in Water,
Methanol and ithenol ‘

-

-L.og Kg 1in

§Value - »
Aecid ol ¥ ¢ Water : Methanol ; uLthanol

: :Caled. Obs.:Calcd. Obs,: Caled. Obs.
Acetie  -1.65 4477 4.73 6.61 9,659 10,61 10.39%

9.343
Formio ~0.40. 4,74 B.68 10.58 11.15
Phenylacetioc ~0.20 4.78 4.26 | 10.57 10.34
p-Toluie 3.40 4.40 4.29 9,24 9.33% 10.24 10.40%
Benzoic 3.95 4.25 4.18 9.09 9.128 10.09 10.208
| 10.43

p~Bromobenzoic 4.90 3.94 3.46 B8.78 8.74a 9,78  9.65%
u~Chlorobenzoic 5.10 3.84 3.82 8.68 8.578 9.68 9.57°
m-Nitrobenzoic 5.74 3.47 3.50 9.3l 9.17
p~Nitrobenzoloc 5.90 3.36 3.40 ‘ 9.20 9.13
salicylic 6.30 B3.02 2.99 7.86 7.88
3,5-Dinitrobenzoic 6,65 2.74 2.828 7.58 7.44 8,58 8.09
o-Nitrobenzoic 7.20 2.10 2.19 7.94  8.63
2,4-Dinitrobengoie 7,60 1.50 1.40 6.34 06.47 TeSd 7433
Dichlororacetic 7.65 1.39 1.28 6.33 728

6.83

7.25

The values indicated by (a) huve been determined in this
laboratory, the value indicated by (b} is reported by Bjerrum

(15

radical was determined graphically.

{£): all other values are from the work of Goldschmidt (13)(14)
5‘ The wvalue of x for the electron shering ability of the
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Table VI.V

Constants of a Series of Primury Axnines in iater,
: Methanol and ithanol

-log Kg in

tValue : .
Base iof £ @ vater i HMethanol : Ethanol
2 :Caled. Obs.:Caled, Obs.: Caled. Obs.
n-Butylamine -1.65 3.40 3.39 4,88 4.922 7.38  7,40%
Ammonia ~0.d0 4.60 4,74 6.08 5,920 ©.58  8.66
o-Chlorobenzylamine 0.15 5.15 5.20° 6.62 6.61% 9,12  0.18°
p~Toluidine 3.40 8,70 8,76 10.18 10.008 12,68 12.42%
| | | 10,02 12.91
m=Toluidine 5.85 9.24 9.20 10.72 10.80 13.22 13.24
Aniline 3.95 9.36 9.30 10.84 10.53% 13,34 12,952
- | 10.70 13,44
o-Toluidine 4.05 9.48 9.50 10.96 10.80 13.46 13,54
a~Naphthylanine 4.25 9.74 9.72 11.22 11.20 13.72 14.84
g=Naphthylauine 4,45 9.98 10,03 11.46 11.40 13.96 14.04
p-Chloroaniline 4,65 10,24 10.00 11.72 11.80 14.12 14.44
p=Bromoaniline 4.90 10.54 10.06 12.02 11.90 14.42 14.64
m-Chloroaniline 5,10 10480 10.40C 12.28 12.14% 14.78 14,802
| 12.30 14.94
m-Bromoaniline 5.10 10.80 10.42 12.28 12.30 14.78 14.94
o~Chlorcaniline 5.90 11.86 12.05 13.34 13.15 15.84 15.84
o-Bromoaniline 5.95 11.92 13,40 13.30 15.90 16.04
The values indiceted by (&) hsve been determined 1in this
laboratory; the value indieated by (b) has boen reported both
by Bjerrum (2) and Goldschiidt (14); the value indicated by (c¢)

has been determined by are (28);
from the vork of Goldschmidt (13)

’all other values
(14)(15).

LIe



Sugpestion of lguations to Correlate lxpe

A graphicel presentation of the data of Tsbles I and III

is given in Figure 3. The data for the awmines in Tables II
and IV are presented in Figure 4. 1Ihe curves for the amines

have been drawn from the eguations

0.05%
flog Ky = y = «=20e + 15 (1}
: Hy O
0.05x
tlog Kg = y = «820e + 1%.952 (&)
CHa0H
0.05x
+log KB = y = =20 + 11.0Z (3)
C pH 4 OH

The equations for the acids curves are

tlog Kg = y = 208Y:5% = 3.6 _ 4.8 (4)
40 ‘ |
0.5x = 5.6
+log Kg = y = 20e - 9.8¢  (5)
CH40H -
’ 0.5% = 5,6
+tlog Kg = y = 20 - 10.64 {6)

Equations 1 and 4 for water solutions are those previcusly
proposed by Johns and Hixon (20). Equetions 2 und 3 sre easily
obtained {rom Lguation 1 by chenging the final constant by the
averuge difference between the value of the dissociation constant
in water snd in methyl or ethyl slcohol sc the case umay be.

Also, the constents in eguations & and 6 are changed by the
averagce differences of the dissociation constants of the acids

in water and elther methyl or ethyl alcohol. This constant
merely determines the position of the curve above the x axis

and does not alter its slope or shape, wiich is to be expected

from Brgnsted's (3) generalizetion.
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The agreement between the measured values and the values
galeulated by the sbove eguations can be seen in iables V and
VI. The irregularity in the case of formic acid was noted in
the first paper (20) and sttention should be called to the
fact that this lrregularity is less in the casu of the ethancol
measuremsnt than in the case of the water measurement. The
greatest deviations are to be found in the values reporté& by
Goldschmidt for the acids in ethanol solution. It should be
noted that this irrepularity for the ethanol solutions does not
hold for his measurements of the amines in the same solvent,
all of the amine values beings in substantial agreement with the
caleculated values. «ith the exception of formic acid, these
deviations would appear to be associated with the less soluble
compounds and are probahly dues to the deviations characteristic
of s§turated solutions. 7This point can be checked only as
additional datagﬂx;made available.

The ionization constants in methanol of the a-substituted
pyrrolidines have been plotted in Figure % to show that they clso
have a similar relctionship to the corresponding values in

water (7){27).



1. The ionization constants of acetis, p-toluie, benzoie,
p-bromobenzoic and m~chlorobenzole acids; of n~butylamine,
o~¢chlorobenzylamine, p~-toluidine, aniline, and m~chloroaniline
have been measured in both methanol and ethanol. Also, the
g=gyclohexyl-, a~bengyl-, a~(§~toly1); and a-phenyl pyrroli-
dines in methanol soclutions have been measured using coneen-
tration cell methods analogous to the common procedure for
water solutions.

2. The experimental difficulties in the measurement of
the E.M.¥. of alecholic solutions due to the high intefnal
resistance of the cells can be eliminated by the use of the
vacuus tube potentiometer arrangenent devised for measurements
with the glass electrode in water solutions.

S. The value of new reference electrodes has been
determined in both methyl and ethyl alechol. The half cell
employed was of the type

| Hg/Hgly (my ) KI{mg) //»

4. The ionization constants of the organic acids_(R-GOOH),
of the primary amines {R=Hilg), and of the a-substituted

pyrrelidines (R~ } can be expressed as a msthematicel

N
function of the eleetron sharing ability of the variable organic

radical (R) in the three solvents water, methanol and ethanol.
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