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TIIE STRUCTURE OF GRAPHITE OXIDE

By R. J. Beckett and R. C. Croft
Division of Industrial Chemistry, Conmronweslth, Sdentific and Industrial Ressarch Organization, Melboume, Australia

Received July 31, 1951

Difficulties relating to the determination of the structure of graphite oxide have been reviewed. Fresh evidence indicating
the structural nature of this compound is presented. This was obtained from electron microscope studies of small particles
of South Australian graphite and the oxide prepared from it. The latter exhibits considerable folding but the former does

not.

This difference is attributed to the redistribution of valency linkages between carbon atoms in the layer planes of

graphite occurring when the latter is converted to graphite oxide.

Introduction

Most of the lamellar compounds of graphite have
been shown by means of chemical and X-ray meth-
ods to consist of the original aromatic carbon layer
planes of the graphite crystal separated by inter-
calated ions, atoms or molecules, which are regu-
larly arranged both relative to each other and to
the carbon atoms iri the layer planes above and
below them. The many attempts, however, which
have been made to obtain similar data for graphite
oxide have met with little success. The applica-
tion of chemical methods,1-4 has failed to establish
a definite empirical formula for this substance.
Examination of the oxide by the X-ray diffraction
method6only shows that it is composed of parallel
lamellae spaced at greater distances than the
carbon layer planes in pure graphite. Failure of
both methods to elucidate the structure of graphite
oxide appears to be due to the ease with which this
substance absorbs water and other liquids. Since
tiie complete removal of these absorbed liquids is
virtually impossible,6 chemical analysis of oxides
prepared in different ways yields variable results.
Furthermore, because liquid absorption increases
the interlamellar spacing in graphite oxide until
the lamellae are ultimately dispersed as two-

(1) U. Hofmann, Kolloid Z, 104, 112 (1943).

(2) Zusammengefasst bei U. Hofmann, Erg. exakt. Nnturwiss., 18,
229 (1939).

(3) G. Ruess, Kolloid Z., 110, 17 (1945).

(4) 11. Thiele, Z. anorg. allgem. Chem., 190, 145 (1930);
56, 129 (1931).

(5) U. Hofmann and R. llolst, Ber., 72, 754 (1939).
(6) U. Hofmann, A. 1'renzel and E. Csalan, Ann., 510, 1 (1934).

Kolloid Z.,

dimensional sheets, it evidently weakens those
interlamellar forces which might preserve a regular
structure, as in graphite, and therefore permits
relative displacement of the oxide lamellae. The
extinction of all lines in the X-ray diffraction pow-
der pattern of graphite oxide other than those of
(0002 and (hkiO) planes is further evidence of this
effect.

Of the few structures suggested57 for graphite
oxide, that proposed by Hofmann appears to be
best supported by experimental data. He ob-
tained evidence from X-ray measurements that
the oxygen in graphite oxide is bonded to the carbon
atoms of the hexagon layer planes by an epoxy
linkage (see Fig. 1). He was unable, however,
either to measure changes in the C-C distances or to
confirm buckling of the carbon layer planes, both
of which would be caused by a redistribution of
carbon valencies. There is some chemical evi-
dence that the graphite oxide structure can also
contain hydroxyl ions37 Ruess3 has confirmed
this and has in addition obtained results which
show that graphite oxide is capable of being hydra-
ted to various extents. Hofmann and Holst2
showed also that it is possible to prepare graphite
oxide in which the atomic ratio of carbon to oxygen
approaches 2.

The carbon atoms in the layer planes of which
graphite is composed are linked by strongly direc-
tional bonds of the order 1.5. If, however, oxygen
is linked in a covalent manner to these atoms, this
bond system is broken down. Taking epoxy group

(7) J. weiss, Nature, 114, 744 (1940).
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Table |

D etails of Preparation of Colloidal Graphite and Graphite Oxide Suspensions

iSample Obtained from
1 —325 mesh purified South Aus-
(Graphite oxide) tralian graphite
2
(Graphite oxide) Same
3 Pipetted from water suspension
(Graphite) of homogenized —325 mesh

graphite, at 28 cm. after 32
hr. settling

Graphite pipetted from water
suspension of homogenized
—325 mesh graphite, at 2 cm.
after 2 weeks settling

(Graphite oxide)

Same graphite as used to pre-
(Graphite oxide) pare sample 3
formation asan example of how oxygen may become
attached to the carbon layer planes when graphite
is converted to graphite oxide, it is ai)parent from
Fig. 1 that the epoxy group, if itself rigid, only
confers structural rigidity on every second c-C
linkage. Also, formation of this group results in
the bond order of the other C-C linkage being
reduced from 1.5 in grthite to 1in graphite oxide.
Whether saturation of carbon valencies in the
graphite layer planes is achieved by formation of
epoxy groups or other types of covalent groups,
viz., peroxide, the redistribution of C-C valency
bonds must be the same as described above. This
view is supported by results of chemical analysis
performed on graphite oxide by Hofmann and
Holst.2 Their results indicate that the oxygen
in this compound is attached only to adjacent
carbon atoms.

Pig. 1—Layer-piano of graphite oxide according to U.
Hofmann.

If it is presumed that the rigidity of layer planes
decreases as the bond order of Iinkages between
carbon atoms composing them is reduced, then,
according to the arguments set out above, thin
lamellae of graphite oxide should show a greater
tendency to bend than graphite particles of the
same dimensions. Confirmation of this theory was
sought by examining dispersions of each of these
materialsunder the electron microscope.

Experimental

Coarsely crystalline graphite from Uley, Soutli Australia,
was purified by alternate treatments with hydrochloric and
hydrofluoric acids until impurities were reduced to less than

Method of preparing suspension
Oxide shaken with dilute (1:3)
ammonia for 24 hr., then agi-
tated by ultrasonics for 12 hr.
Same
Pipet sample diluted with 1:3
ammonia subjected to ultra-
sonic agitation for 8 hr.

Oxidation treatment

Staudenmaier

Brodie

Three Brodie
oxidations

Shaken with dilute (1:3) am-
monia l'or 6 hr.

Same Same

0.5% and was finally ground to minus 325 mesh (Tyler).
The purified graphite was shown by X-ray powder photo-
graphs8to contain 95% of the Bernal structure, the remain-
ing graphite being in the Lipson and Stokes form.

Suspensions of colloidal graphite were obtained by homo-
genizing a mixture of the graphite with tannie acid and water
in the ratio 100:5:120 by weight. After homogenizing the
paste was agitated with water and allowed to settle. Pipet
samples were removed from this suspension at depths and
after settling periods shown in Table I. Some of the pipet
samples were subjected to agitation by ultrasonic waves
(500 kc./s.) with the object of further reducing the size of
particles suspended in them.

Graphite oxide samples were prepared by Brodie's*
method both from the sized fractions and from the original
purified graphite. This was done by warming graphite with
a mixture of fuming nitric acid and potassium chlorate.
Some samples, however, were prepared by Staudenmaier’sIl
method. In this case oxidation is effected by agitation with
a cold mixture of concentrated nitric and sulfuric acids
(2:1 by volume) containing potassium chlorate. After
washing, the partially oxidized graphite is heated with acid
permanganate solution. Various methods were employed
to disperse the oxides to the extent necessary for inspection
under the electron microscope. Some samples were shaken
with either water or dilute ammonia. In the case of the
oxide prepared from the original purified graphite, large
particles were separated by decantation. Some of the oxide
suspensions were subjected to ultrasonic treatment. The
methods of preparation of colloidal graphite and graphite
oxide suspensions are summarized in Table 1.

Suitably diluted suspensions were mounted on specimen
screens in the usual manner for electron microscopy and the
specimens shadow-cast with 10 A. thickness of uranium be-
fore examination in the electron microscope, the shadowing
ratio being 4:1.

The microscope used was an It.C.A. model E.Al.U. in-
strument fitted with a self-biased gun and having the objec-
tive lens asymmetry corrected. An adjustable objective
aperture was employedll and the magnification was cali-
brated by the method of Farrant and Hodge.12

Interpretation of Micrographs

The main feature of graphite oxide evident from
electron-micrographs in Figs. 2, 3, 5 and 6 is the
folding which occurs in particles of this substance.
Fully oxidized samples of the oxide (containing
30% oxygen) whether prepared by Staudenmaier’s
method ?Flg. 2) or by Brodie's method (Fig. 3)

(8) These were taken by A. McL. Mathieson of this Division.

(9) B. C. Brodie, Phil. Trans., 149, 249 (1850).

(10) L. Staudenmaier, Ber., 31, 1481 (1898); 32, 1394 (1899); 33,
2824 (1899).

(11) 3. L.
(1950).

(12) J. \i. Farrantand A. .1 Hodge,./. Applied Ph.i/s.,, 19, 840 (1948).

Farrant and A. J. Hodge, ./. Sci. Instruments, 27, 77
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Fig. 2.—Graphite oxide (Sample 1).

Fig. 3.—Graphite oxide (Sample 2).
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Fig. 4(a).—Colloidal graphite (Sample 3); average thickness of particles 70 A.

Fig. 4(b).—Colloidal graphite (Sample 3); average thickness of particles 130 A

Yol.
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Fig. 5(a).—Graphite oxide (Sample 4); thickness of particles 15C0 A.

Fig. 5(b).—Graphite oxide (Sample 4); thickness of particles 150 A
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Fig. 6.—Graphite oxide (Sample 5); thickness of particles 50-200 A.

show extensive folding which is general and not
confined to anr particular area. Other samples
containing smaller amounts of oxygen exhibit less
folding. In ah cases, however, folds extend right
through even the thickest oxide particles and appear
also to be predominantly about straight lines. The
latter have no obvious preferred direction. Al-
though Figs. 5(a) and 6 show that it is possible for
sheets of oxide to he folded hack on themselves,
this was seldom observed. Further evidence of
the readiness o: the oxide lamellae to bend is shown
in Fig. 5(b), in which a long narrow sheet of oxide
is seen to conform to the contour of an underlying
particle like a carpet on stairs. It was mentione
earlier that the powder diffraction pattern of
graphite oxide contains only (hkiQ) and (000Z)
reflections. This implies that, although parallel,
the oxide lamellae are not. orientated in a particular
manner relative to each other. Figure 5(a) sug-
gests that slipping has caused relative displacement
of the lamellae in a composite particle of graphite
oxide. It shows a number of almost parallel lines
at one edge of a relatively thick plate of oxide.
Since all of these lines are the same shape and show
the same irreqularities, they presumably originate
from the same graphite flake.

Micrographs of graphite show that, although
some of the particles photographed are thinner
than those of graphite oxide, they do not exhibit
the folding which may possibly be expected of thin
flexible sheets. Comparison of Figs. 4(a) and 4(b)
with Figs. 5and 6 illustrates this.

Discussion

The conclusion that the above results support
the theory that valence linkages between carbon
atoms in graphite are redistributed when the latter
is converted to %raphite oxide, is based on the
assumption that the aromatic structure of graphite
layer planes originallz proposed by Debye and
ScherrerBis valid. This assumption, however, is
justified by data obtained by more recent investiga-
tors, among whom Bernal,X4 Laidler and Taylor,®
LIFSOH and Stokes,% are notable. These data
all confirm that carbon atoms in the layer planes
of %raphlte are disposed hexagonally and linked,
each with its three neighbors, by 1.5 order valenc
bonds as in aromatic compounds. It is suggested,
therefore, that oxygen intercalated in graphite
forms covalent linkages with carbon atoms in the
layer planes by saturating the free valencies which,
in graphite, these atoms share by resonance.

The difference in the rigidities of layer planes of
?raphite and its oxide is demonstrated by folding of
amellae which occurs only in the case of the oxide
and is believed to be due, as explained earlier, to
modification of strongly directional 1:5 order C-C
linkages in graphite layer planes by covalent linking
of oxy%en to adjacent pairs of carbon atoms in
these planes with consequent reduction of the order
of bonds between remaining carbon atoms. This
interpretation is in agreement with Hofmann’sh

(13) P. Debye and P. Scherrer, Physik. z., 18, 291 (1917).

(14) 3. D. Bernal, Proc. Roy. Soc. (London), A106, 749 (1924).

(15) D. S. Laidler and A. Taylor, Nature, 146, 130 (1940).
(1f.) H. Lipson and A. R. Stokes, ibid., 149, 328 (1942).
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proposed graphite oxide structure which, because
of the relative disorder of the oxide lamellae, would
he difficult to confirm by X-ray measurements.
Although sheets of graphite oxide appear folded
in electron micrographs, it is probable that, when
suspended in a suitable liquid, they are extended

Potentials of Adsorption-D esorption Capacity Peaks

935

and flat. The possibility that the folding just
referred to was due entirely to the method of
mounting specimens and not to structural weak-
ness in the oxide lamellae is discounted because the
same method of mounting did not produce similar
effects in graphite lamellae.

APPLICATION OF THE CATHODE-RAY OSCILLOSCOPE TO
POLAROGRAPHIC PHENOMENA. IIl. POTENTIALS OF ADSORPTION-
DESORPTION CAPACITY PEAKS AND SURFACE CHARGE DENSITY
RELATIONSHIPS EXHIBITED BY ALCOHOLS AT AQUEOUS SALINE
SOLUTION-MERCURY INTERFACES

By J. West Loveland13and PhilipJ. Elvingll
The Pernsylvania Sate Gdlege, State Gdllege, Pennsylvania

Received August 22, 1951

Differential capacity oscillograms for the saturated solutions of n-oct.vl and n-heptyl alcohols show four capacity peaks on
each of the cathodic and anodic sweeps rather than the expected two peaks, indicating double film formation. The patterns
for a saturated re-hexyl alcohol solution are characterized by two and sometimes three capacity peaks on the charging and
discharging curves. A saturated solution of re-amyl alcohol gives only two adsorption-desorption capacity peaks in each
trace, indicating the formation of a mono film layer. The lower the molecular weight of the alcohol, the greater is the poten-
tial span between capacity peaks for the saturated solutions. For undegassed supersaturated solutions of the four normal
alcohols, only two peaks per branch were observed. This picture reverts to that of the saturated solution upon degassing.
The potentials of the reversible capacity peaks are given for both saturated and supersaturated solutions. In general, the
desorption processes were found to proceed at the same or at a faster rate than the adsorption process as indicated by the
sharpness of the corresponding capacity peak heights. Calculations of surface charge density according to the capacity
peak potentials for the saturated solutions indicate that adsorption processes depend directly on the surface charge existing

at the mercury surface.

In previous papers2 experimental arrangements
were described which were capable of producing
differential capacity and surface charge density
patterns on the face of an oscilloscope. The ap-
plication of these techniques to the observation of
film formation at the dropping mercury electrode,
D.M.E., was indicated. The present paper is
concerned with the results obtained from a system-
atic study based on oscilloscopic observation of the
adsorption-desorption phenomena exhibited by
various alcohols at the D.M.E., i.e., at the inter-
face between the mercury and aqueous salt solu-
tions.

Heretofore, the study of the effect of non-elec-
trolytes on the surface properties of a mercury
electrode have been carried out for the most ﬁart
by the determination of the surface tension which
exists between a mercury drop surface and an
electrolyte solution to which has been added some
organic material. The usual procedure is to deter-
mine the surface tension ever a selected applied
voltage range and to plot the values of surface
tension as a function of the applied voltage to give
what is commonly called an electrocapillary curve.
Gouy34published the most extensive surface ten-
sion data available for electrolytic solutions, both
with and without the addition of non-electrolytes.
The shape of the electroc.apillary curve for a pure

(1) (a) Sun Oil Co.,
Michigan, Ann Arbor, Michigan.

(2) (a) J. W. Loveland and P. J. Elving, T his Journat, 56, 250
(1952); (b) J. W. Loveland and P. J. Elving, ibid., 56, 255 (1952).

(3) G. Gouy, Ann. chim. phys., [8] 8, 291 (1906).

(4) G. Gouy, ibid., [8] 9, 75 (1906).

Norwood, Pennsylvania, (b) University of

electrolyte is parabolic in form with a maximum
coming at the potential of zero charge on the sur-
face of the mercury. In the presence of slightly
soluble organic compounds the maximum is either
flattened or shifted to a potential different from that
of the original electrocapillary maximum.

Frumkin,b5 likewise, found that the presence of
adsorbable organic substances in solution modified
the shape of the electrocapillary curve from that of
the pure solution. Frumkin, et al,,6 determined
the influence of capronic (caproic?) acid and
phenol on the surface tension of a mercury-sodium
sulfate solution boundary by a capillary-electrom-
eter method and found that in the neighborhood
of the saturated solutions the two organic com-
pounds are adsorbed as multilayers. Alternating
current measurements by Proskurnin and Frum-
kin7of the capacity at a mercury surface in contact
with a solution of sodium sulfate and octyl alcohol,
showed abrupt increases in the capacitK of the elec-
trical double layer at potentials at which the ad-
sorﬁtion and desorption processes of the alcohol
took place, and a decreased capacity at inter-
mediate potentials.

Grahame8studied the capacity and resistance at
a mercury electrode in contact with solutions of
potassium nitrate, sodium chloride and hydrochloric
acid, all saturated with octyl alcohol, as a function

(5) A. Frumkin, Z. Physik, 35, 792 (1920).

(6) A. Frumkin, A. Gorodetskaya and P. Chugunov, Acta Physi-
cochim. U.R.S.S., 1, 12 (1934); C A., 29, 2046 (1935).

(7) A. Proskurr.in and A. Frumkin, Trans. Faraday Sac., 31," 110

(1935).
(8) D. C. Grahame, J. Am. Chem. Soc., 68, 301 (1946).
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of frequency and potential. Cacfacity peaks were
observed at potentials corresponding to the adsorp-
tion and desorption processes of the alcohol at the
mercury surface. Similar effects were produced on
the differential capacity between mercury and an
aqueous sodium sulfate solution by the addition of
n-hep.tyl alcohol.9 . _

Oscilloscopio observations of chargm? current
curves were used by Barclay and ButlerDfor study-
ing the adsorption effects of (-amyl alcohol at a
mercury electrode. The curves showed discon-
tinuities over the J)otential range in which the
alcohol was adsorbed.

Brdicka" has discussed the adsorption theory in
view of anomalous polarograms obtained with
certain reversible organic oxidation-reduction sys-
tems. The polarogra?hic wave is shifted to more
negative potentials it the oxidized form is ad-
sorbed, and to more positive potentials if the
reduced form is adsorbed. Current-time oscillo-
grams were used to study adsorption effects.
For diffusion controlled processes, the current-
time patterns showed a '/e order parabola, while for
adsorption processes definite maxima distorted the
parabola.

Others1218 have determined the influence ofl

-0.0 -0.4 -0.8 -1.2
E vs. llg. pool, v.

Fig. 1.— Differential capaciEy relation for 1 N KBr solu-
tion saturated with n-C&Hi,OIf;, E, = —0.202 v., Ex =
—1.017 v.; exposure time, 14.2 seconds; mass per second,

0.291 mg.; sensitivity resistance for curve, 12 ohms; for
calibration, 150, 300 ohms.

(9) D. C. Grahame, Chem. Hens, 41, 441 (1947).
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slightly soluble organic compounds on the polaro-
graphic diffusion currents of electroactive metals
and theirions. Invariably, the measured diffusion
current is decreased at potentials over which ad-
sorption takes place. When the applied potential
is sufficiently negative that desorption occurs, the
diffusion current becomes normal. As the concen-
tration of the surface-active species is decreased,
the diffusion currents increase toward their limiting
value in “pure” solution, ie., in the absence of
surface-active material.

Thus far, the majority of data concerning electro-
capiIIarK-active phenomena at a polarized mercury
surface has been obtained as a result of the measure-
ment of either surface tension or capacity at definite
applied potentials. The data available is too
meager to make any correlations regarding the
general behavior of a given series of adsorbable
compounds. To this end, the present authors have
studied a series of alcohols under various conditions
at the D.M.E. bY the oscillographic techniques
described previously. 'w

There are several advantages in using the oseillo-
scopic approach to the study of film formations.
The method is rapid; a complete capacity or sur-
face charge density spectrum may be obtained in a
fraction of a second. The entire history for a
single drop of mercury may be observed. Oscillo-
grams for a given set of conditions are reproducible.
Both charging and discharging curves are produced,
the comparison of which serves to indicate the
reversibility of the adsorption-desorption proc-
esses. The influence of film formation on the
oxidation-reduction patterns of electroactive
species can be studied. The method has the
disadvantage of not being able to differentiate
between polarization resistance and time-lag.
In the present work, resistance has heen calculated
on the assumption that time-lag, as shown by
Grahame,9is negligible. If this assumption is in-
valid, the resistance values will be in error.  Never-
theless, whether resistance or time-lag or the sum
of the two is measured, the calculated capacity
values would be the same.

Method of Measurement

Photographic Technique.—Photographs of (lie differen-
tial capacity and surface charge density (S.C.D.) oscillo-
grams for the D.M.K. in contact with an electrolyte solu-
tion containing alcohol were obtained in a manner analogous
to that outlined previously.L* For all alcohol solutions in-
vestigated, the capacity peaks of the adsorption and desorp-
tion processes on the charging cycle (cathodic—top curve)
occurred at a more negative potential than those for the
corresponding reverse process on the discharging cycle
(anodic—bottom curve) (Fig. 1). Where the capacities of
the peaks were approximately equal on the two branches,
the adsorption and desorption processes were considered
to be reversible, and the potential corresponding to the re-
versible process was taken as the average of the potentials
of each of the peaks (anodic and cathodic). The reason for
the difference of the cathodic and anodic capacity peak po-
tentials is undoubtedly due to the larger IR drops associated
with the very high peak currents (50 to 300 /ua.) and the
solution resistance and possibly polarization resistance8
than with pure electrolytes; these large IR drops across the
cell cause the cathodic capacity peaks to be shifted to more
negative potentials than usual and the anodic capacity peaks
to be shifted to more positive potentials. The average of
the two potentials corresponds to the value which is ob-
tained when no current is drawn by the cell. This is the
point mid-way between the charging and discharging curves.
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The S.C.D. oscillograms for solutions which were satu-
rated with alcohol were S-shaped (Fig. 2) and the exact points
to be chosen as representing the surface charge density dif-
ferences (S.C.D.D.) were not distinct.; lienee, these records
were not used for calculation. The more precise procedure
for the determination of S.C.D.D. values involved applying
the capacity peak potential data obtained from the differen-
tial capacity oscillograms of the alcohol solutions to the
smooth S.C.D. patterns of the pure electrolyte solution.

The sweep frequency used was 7.5 c.p.s. unless otherwise
specified.

Direct Measurement of Potential.—The potentials at
which the adsorption and desorption peaks occurred can
be measured directly without the use of the photographic
procedure. A point on the grid of the oscilloscope is chosen,
and the cathodic and anodic peaks aligned with respect to
this point. The voltage sweep is turned off and the spot
remaining on the screen of the oscilloscope adjusted to the
selected point by means of the potentiometer (11,, Fig. 2,
ref. 2) in series with the polarographic cell. The e.m.f. is
then measured on a student type potentiometer. This
method of measuring reversible peak potentials is rapid and
results are reproducible to within £4 millivolts.

Experimental

Preparation of Solutions.—The re-octyl, n-heptyl, n-hexyl
and n-amyl alcohols were investigated in 1 ,V potassium
chloride as the supporting electrolyte. The re-octyl and
re-hexyl alcohols were also studied in 1 At potassium bromide
and 1 N potassium iodide solutions. The alcohols were
either Eastman Kodak Co. purest grade or stockroom grade
which had been purified by distillation. Only the middle
portions of the distillate which boiled ina 2° range were used.

Saturated solutions of the alcohols were made by titrating
the alcohol from a microburet into a known volume of the
electrolyte solution and shaking the solution several minutes
after each small addition of alcohol until a few very small
globules of alcohol were visible on the surface of the aque-
ous solution.  This end-point could be reproduced with fail-
accuracy to within 5%. The molarity of the saturated al-
cohol solution is given in Table 1.

Table |
Molarity of Saturate;) Alcohol Solutions
Alcohol 1N KC1 I N KBr 1.V KI
n-C8 0.0017 0.0022 0.0028
n-Ct .0071
re-Cc .028 0.031 0.039
reCs5s .15

Supersaturated solutions were made by adding a slight
excess of the alcohol to the corresponding saturated solution
and shaking vigorously until the solution was colloidal and
turbid in appearance. The authors use the term “super-
saturated” in the sense that an excess of alcohol is present
in dispersed form in the aqueous phase over the amount re-
quired for saturation.

For preparing alcohol solutions other than the saturated
and supersaturated, the appropriate volume of alcohol was
measured from a microburet and sufficient 1 N salt solution
added to bring the concentration of the alcohol to the
desired molarity.

All solutions were investigated at room temperature, which
remained constant at 24 + 1°.

D.M.E. and Cell.—The low resistance dropping mercury
electrode and cell arrangement used have been described
elsewhere.1 All potential values are reported against the
mercury pool with the 1N electrolyte indicated.

The usual procedure for cleaning the cell after each run
was as follows: After removal of the test solution by suction,
the cell was washed twice with distilled water and once with
acetone. It was again washed with water and then rinsed
twice with the alcohol solution to be investigated.

Reproducibility of Curves.—Although the oscillographic
patterns for a given set of conditions were easily reproduced
with respect to potential and capacity measurements of the
peak capacities for the adsorption—€esorption processes, it
should be pointed out that on observation of alcohol concen-
trations in the vicinity of saturation, the shape of the ca-
pacity oscillograms would sometimes undergo changes during
the lifetime of the drop. For example, two capacity peaks
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0.0 04 0.S 12 16
E vs. Hg. pool, v.

Fig. 2—Surface charge density pattern for 1N KBr solu-
tion saturated with rt-CJIuOH; et = —0.199 v., B% =
—1.326 v., exposure time, 11.6 seconds; mass per second,
0.291 mg.; sensitivity resistance for curve, 50 ohms; for
calibration, 120 ohms.

would appear close together at the early stages of drop
growth, but, these would merge into one peak after a few
seconds. This was more true of the higher molecular weight
alcohols than of the lower molecular weight alcohols.

Variations as great as 40 millivolts for the reversible peak
potentials were recorded in a few instances when degassing
was carried out over different time intervals. The majority
of the deviations was of the order of 20 millivolts. In gen-
eral, for saturated solutions the potential of the more posi-
tive peaks became more negative while that of the more
negative peaks shifted to a more positive potential. This
change in peak potentials with degassing time has been corre-
lated with a change in concentration of the alcohol. Such
peak potential variations were not effectively reduced by
first passing the nitrogen stream through a bubbler contain-
ing the pure alcohol, whose saturated aqueous solution was
under investigation. It was, therefore, necessary to stand-
ardize degassing methods to permit correlation of the data
obtained.

The data given in the subsequent discussion have been ob-
tained with solutions that were either degassed for 5 minutes
or not degassed at all, as indicated. The presence of oxygen
did not affect the shape of any of the oscillograms observed.
The potential values given are a composite of those obtained
by direct measurements and those from photographs. A
sufficient number of readings were made on different cell
solutions of the same solution so that for any given alcohol
solution, the average deviation of the potential measurements
by the two methods did not vary by more than +10
millivolts.

Discussion of Observed Behavior

Saturated Solutions.— Probably the most out-
standing feature shown by the capacity oscillograms
for saturated solutions of the n-heptyl and n-octyl
alcohols was that more than the two expected
capacity peaks were observed on both the charging
and the discharging curves. Both degassed and
undegassed saturated solutions of n-octyl alcohol
gave two adsorption and two desorption peaks in
both the charging and discharging curves foi all
three potassium halide solutions (Fig. 3). In Fig.
3 the peaks (labeled Ai and A2 and Bi and B-2
correspond to the adsorption processes on the
charging and discharging branches of the oscillo-
gram, respectively. The peaks (labeled A3 and
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Fig. 3.—Differential capacity relation of 1 A KI solution
saturated with n-CJTisOH.

A4, and B3and B4) indicate the desorption processes
taking place at the .mercury-solution interface.
If degassing of the saturated re-octyl solution is con-
tinued for several minutes beyond the first five
minutes, the peaks corresponding to Ik disappear,
and, in the place of B4, a more rounded peak occurs
than was originally present. At the same time, the
peaks of Adand A2appear to decrease in size. In
the case of the iodide solution, after a total of 15
minutes of degassing, the peaks of A4 and A2
completely disappeared. Instances where a small
pip was superimposed on the rounded wave at B4
while all the other peaks were present, were re-

corded. These same general phenomena also
occurred with saturated solutions of re-heptyl
alcohol. The disappearance or reduction of wave

height is due tc the decrease in the concentration
of the alcohol in solution. The disappearance of
peaks due to solubility and concentration effects
may be more fully realized by comparison of the
oscillograms observed for 1 millimolar alcohol
solution which are reported in a subsequent section.

Saturated re-hexvl alcohol solutions did not
manifest four peaks in each branch as were observed
for saturated solutions of the two higher molecular
weight alcohols (Fig. 1). Occasionally, pips which
correspond to peaks B2 and B.f of Fig. 3 would
appear under either degassed or undegassed condi-
tions. These pips were superimposed on the nega-
tive potential sides of the peaks of B, and B3
close to the apex of the latter peaks. The heights
of the pips B2 and B4 depended to a great, degree
on the voltage range and starting potential of the
applied voltage sweep. The variation of the peak
heights with the potential range of the voltage
sweep will be discussed subsequently. At the
more positively applied potentials, only one peak
on each of the traces was observed.

The saturated re-amyl alcohol solution showed
only one adsorption and one desorption peak in
both the charg.ng and discharging curves. The
reversible peak potentials for the degassed satu-
rated solutions of the four alcohols are tabulated in
Table 1l as T2and F3 where Ib corresponds to the
capacity peaks appearing at the lower negative
potential.

To simplify discussion, the average potentials
corresponding to the “reversible” peaks (A4 A3,
(A2, A4, (Bj, Ba and (B2 B4 of Fig. 3 shall hence-
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Tabre Il

Potentials of Capacity Peaks fob Degassed Saturated
Alcohol Solutions

Alcohol Solution A\ v Fi, V. M_ v
re-Amyl 1N KC1 0.079 1.213 1.134
«-Hexyl 1A KC1 .099 1.167 1.068
1N KBr 123 1.020 0.897
1X Kl .ICO 0.789 0.629
re-lleptyl 1A KC1 126 1.146 1.020
«-Octyl 1A KC1 .130 1.139 1.009
1A KBr 152 0.967 0.815
1A KI 184 0.735 0.551
forth be designated as Tv, Tv, F3 and 1V, respec-
lively.
Supersaturated Solutions.— The  undegassecl

supersaturated solutions in the form of colloidal
dispersions of the four alcohols always gave one
adsorption and one desorption peak on each of the
anodic and cathodic traces for all of the halide
solutions studied (Fig. 4). A five-minute degassing
period usually converted the shape of the oscillo-
grams of these solutions to those obtained for the
saturated solution. The re-octyl and re-heptyl
alcohol solutions would correspond to Fig. 3, while
re-hexyl and re-amyl would appear as in Fig. 1.
Table 11l contains the peak capacity potential
values obtained with supersaturated solutions which
have been degassed for 5 minutes. The potentials,

Tabte Il

Potential Values of Capacity Peaks for Super-

SATI RATED SolutionS
vi — 1

Alcohol Solution v\, v. TV,v. 1liv. vtV

-Amyl 1N KC1 0.047 1 250 1 203

n-Hexyl 1N KC1 .055 0.118« 1213 1 241 1 185
1N KBr .079 105 1077 1 101 1 022
1N KI . 132 .132ft 0 825 0 857 0 725

n-Heptyl 1N KC1 .050 L1261 164 1249 1193

n-Oetyl 1y KCI .051 125 1131 1 243 1 192
1y KBr .088 .149 0 970 1 092 1 004
ly KI . 138 ,186 0 737 0 83 0 725

" Peak potential of cathodic wave only. 6Ft and IV are
the same, since one peak was observed.

Fi and F4, apply as well to undegassed super-
saturated solutions which give only one adsorption
and one desorption peak for each trace as in
Fig. 4. This is true because the values of IV and
TV were the same within the experimental error

E vs. llg pool, v.
Fig. 4.—Capacity oscillogram for N K1 solution supersatu-
rated with «-CHiiOH (no degassing).
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whether only two, three or four peaks were ob-
served on either the cathcdie or anodic branches.

The following facts may be derived from the
data of Tables Il and Ill: (1) The difference
(Ps — Vi) between the potentials of the capacity
peaks under saturated solution conditions decreases
as the molecular weight of the alcohol increases.
This is seen best by comparison of the data for
potassium chloride solution. (2) The difference
between the most positive (17) and the most
negative (17) capacity peak potentials for super-
saturated solutions is practically independent of
the molecular weight of the alcohol for a given
halide solution. (3) The difference between the
potentials of the adsorption and desorption peaks
for both '«-hexyl and «-octyl alcohol solutions de-
creases, going from the chloride to the bromide to the
iodide solution. (4) The potential difference
between 17 (Table 111) and 17 (Table II; is less
than the potential difference between 17 (Table
I1) and 17 (Table 111) for all solutions investi-

gated. (5) Comparison of the values of v2and
17 of Tables Il and Ill shows that for «-octyl
alcohol the values agree well within the experi-
mental error of the measurements for both the

saturated (Table Il) and supersaturated solutions
(Table 111). However, as the molecular weight
of the alcohol decreases, the variation of these
values increases. This is best realized by inspec-
tion of the 17 and 17 values for «-hexyl alcohol.
Other facts pertinent to the study of alcohol film
formations which were observed are: (1) At certain
stages of degassing of the supersaturated solutions,
the capacity current peaks corresponding to 17 and
17 appeared at the early stages of the mercury
drop but soon disappeared as the drop continued
to increase in area. (2) The rate of potential varia-
tion had no discernible effect on the reversible
peak capacity potentials. (3) Whenever the peaks
of 17 and Vi occurred simultaneously, the peaks of
17 disappeared on both tire anodic and cathodic
curves when the voltage sweep was started at a
potential between that of 17 and 17- When the
voltage sweep ended between 17 and 17, the peaks
of 17 were always present. The same experiment
could not be performed on the peaks of 17 and 17
since the oxidation of mercury occurred at such
positive potentials. (4) The heights of the capacity
peaks of 17 on the discharging (adsorption) and the
charging (desorption) branches decreased as the
voltage sweep of constant magnitude was moved
to more negative potentials until the starting po-
tential of the sweep reached the potential of 17
at which time the capacity peaks of 17 disappeared.
The adsorption peak of 17 disappeared before the
desorption peak of 17- (5) The capacity peaks of
17 on both the charging and discharging curves
covered a much narrower potential band (more
peaked)'than the corresponding capacity peaks of
17 (Fig. 5) and in many cases consisted of single
lines, especially when the voltage sweep ended a
few millivolts beyond the peak potential, 17.
(6) For supersaturated solutions, the peak capacity
of the desorption process on the charging cycle
(17) is greater than the peak capacity for the
corresponding adsorption process (Fig. 4, compare
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-0.9 -11 -1.3 -1.5
E vs. Hg. pool, v.

Fig. 5—Comparison of capacity peak widths for 1 N
KC1 solution saturated with n-CgHUOH; i = —0.927 v.,
E, = —1427- v.; exposure time, 14.0 seconds; mass per
second, 0.280 mg.; sensitivity resistance for curve, 25 ohms;
for calibration, 325 ohms.

the two peaks of vi). (7) For saturated solutions,
the peak capacities of v2 and v3for both the
charging and discharging processes are about equal
in magnitude.

On the basis of the data and facts outlined, the
following conclusions can be drawn: (1) There can
exist on the surface of mercury a doulrle film layer
of adsorbed alcohol molecules as indicated by four
rather than two capacity peaks in both charging
and discharging curves. The tendency to form
double layers increases with the molecular weight
of the alcohol and is probably associated with the
solubility and dielectric properties of the alcohol in
the aqueous phase. (2) The adsorption-desorption
processes corresponding to the potential of 17
take place over a smaller potential range than
those of 17 as evidenced by the sharper peaks of
17. (3) For cases where four capacity peaks
occur on each branch simultaneously, the forma-
tion of the layer which gives rise to the peak of v4
is dependent on the formation of the layer which
gives rise to the peak of V3 The reverse situation
does not hold. For this reason, the film layer
closest to the mercury surface is associated with the
capacity peaks of 17 while the layer furthest from
the electrode surface is identified with the capacity
peaks of 17- (4) The variation in potential differ-
ence between 17 and v 3(Table Il) for the various
halide solutions of «-hexyl and «-octyl alcohol
indicates that the adsorption-desorption process
depends not so much on potential but rather on
some intrinsic property of the electrode surface.
It will be shown subsequently that this property
is the surface charge density of the mercury elec-
trode. (5) Desorption processes take place either
at the same rate or more rapidly than adsorption
processes as evidenced by the fact that in several
cases studied, sharp capacity peaks occurred for the
desorption process while only rounded peaks were
observed for the adsorption of the alcohol films.
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This is the antithesis of Héyrovsky’'s19 results with
the potential-time derivative oscillograms in pyri-
dine him formations at the mercury electrode.
His findings indicated that the pyridine film builds

up instantaneously, while its removal goes on
slowly.
One Millimolar Solutions.— Capacity oscillo-

grams of the 1 millimolar n-octyl alcohol-potassium
halide solutions were made. For the potassium
chloride solution, peaks were observed in the
cathodic branch at all four potentials and in the
anodic branch at the potentials of Vx and F2
There was no peak for the anodic process at F4
and only a rounded peak at V3. The potassium
bromide solution capacity oscillogram was identical
to that of the potassium chloride with the exception
that no sharp peak was observed in the cathodic
branch at the potential of F4 The 1 millimolar'
solution in potassium iodide gave rise to rounded
peaks in both the charging and the discharging
curves at the potentials of F2and F 3 and no peaks
at Vi and F4

When 1 millimolar n-hexyl alcohol solutions were
investigated for capacity peaks in all three potas-
sium halide solutions, only the chloride solution
showed any signs of electrocapillary-active phe-
nomena. This was evidenced by the fact that the
capacity maximum, occurring near the potential
of the electrocapillary maximum, was increased in
value by about 10% above that for a pure | N
solution. There was no distortion of the differ-
ential capacity patterns for any of the halide solu-
tions when these solutions were 1 millimolar with
respect to «-amyl alcohol.

Surface Charge Density Relationships

Oscillograms of the S.C.D. for the pure halide
solutions were obtained; a typical S.C.D. pattern
is shown in Fig. 6. The S.C.D. corresponding to

-0.2 -0.6 -1.0

E vs. Hg. pool. v.

Fig. 6.—Surface charge density relation for 1n IvBr solu-
tion; i = —0.1S5 v., Ei = —1363 v.; exposure time,
13.8 seconds; mass per second, 0.291 mg.; sensitivity resist-
ance for curve, 70 ohms; for calibration, 170 ohms.
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the potential difference between F2and F 3for satu-
rated n-hexyl and «-octyl alcohol solutions was
calculated from the S.C.D. patterns of the pure

solution. The results of these calculations are
given in microcoulombs per square centimeter
in Table 1V. AIll values are averages of calcula-

tions from five separate S.C.D. oscillograms for each
halide solution.

Table IV*

Surface Ciiaroe Density Difference of Saturated
Solutions (Degassed) Over the Potential Range of
\b —v2 ycoul./em.2

Alcohol 1,VKC1 1N KBr I N KI
».-Hexyl 321+ 0.6 325+ 0.6 32.3+0.8
ra-Octyl 29.2 + 0.6 29.6+ 04 29.1 £0.6

“S.C.D.D. values were obtained from oscillograms of
the pure halide solutions using the potential data of Tables
Il and II1I.

The consistency of the S.C.D.D. values for both
n-hexyl and «-octyl alcohol in the three different
halide solutions shows that the adsorption and
desorption of alcohol films, corresponding to the
potentials of V2 and Vs for saturated solutions,
are intimately connected with the surface charge
property of the mercury electrode and, in fact, the
potentials of adsorption and desorption are directly
dependent on the surface charge density existing
at the mercury surface.

The S.C.D.D. values for the saturated solutions
of the two alcohols differ by about 3 microcoulombs
over the potential range of F2— Fs. The S.C.D.D.
for the two alcohols under supersaturated solution
conditions covering the potential range of Fi to
Vi would show little or no difference in values,
since the potentials of F4and F4are almost iden-
tical for the two alcohols for each of the corre-
sponding halide solutions. One might expect this
if a double layer film exists, for the layer closest
to the electrode surface corresponding to the po-
tentials, F3and F2 will be influenced directly by
the S.C.D. of the electrode while the second layer
corresponding to the potentials Fi and F4, some-
what screened from the influence of the S.C.D.
of the electrode by the first layer, is less dependent
on the surface property of the electrode.

At concentrations less than that of saturation,
the S.C.D.D. values covering the potential range
(F3 — F2 for 20 millimolar «-hexyl alcohol solu-
tions (Table V) show a decided decrease in magni-
tude in going from the chloride to the bromide to
the iodide solutions. On the other hand, the S.C.
D.D. values for 1.25 millimolar «-octyl alcohol
solutions (Table V) indicated no such decrease in
values for the three halide solutions studied, but,

Table V°

Surface Charge Density Differences of Dilute n-
Hexyl and «-Octyl Solutions (Undegassed) Over the
Potential Range of V33— V2 Mcoul./cm.2

1N Kcl 1N KI
20 m | «-hexyl 29.7+0.7 28.4+x0.6 26.1 £0.7
1.25mAf«octyl 29.6 + 0.6 299 + 0.5 29.6 £0.6

“ S.C.D.D. values were obtained from oscillograms of the
pure halide solutions using the potential data of Tables 11
and I11I.

Alcohol 1N KBr
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rather, these values remained constant within the
experimental error of measurement.
The constancy of the S.C.D.D. values for the

1.25 millimolar n-octyl alcohol solutions is un-

doubtedly associated with the double film forma-
tion property exhibited by this alcohol. At this
concentration, 2 to 4 peaks were observed in each
branch for the three halide solutions. As long as
the concentration of the alcohol is sufficient to
?roduce double layers, the layer closest to the sur-
ace of the mercury will be adsorbed over the same
S.C.D. range of values. At concentrations less
than that required for double film formation, the
S.C.D.D. values needed for adsorption wifi decrease
as the concentration of the alcohol decreases. This,
in fact, was observed to be the case for n-hexyl
alcohol where the concentration of the alcohol is
sufficiently low so that there is no indication of
double film formation. When the S.C.D.D. values
are considered with respect, to the relative solubili-
ties of the n-hexyl alcohol in the three potassium
halide solutions, there is a definite relationship
between the decrease in S.C.D.D. values and the
decrease of concentration of the alcohols with
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respect to the saturation concentrations of the
alcohols in going from the chloride to the bromide
to the iodide. In a subsequent paper it will
be shown that the S.C.D.D. value is a function of
the log of the concentration.

The S.C.D. should be normal in the regions out-
side the adsorption region, i.e., the S.C.D.D. from
one end of the sweep to the other should be in-
dependent of the presence or kind of adsorbable
species. Calculations were made, based on po-
tential spans sufficient to encompass all adsorp-
tion-desorption processes, for the S.C.D.D. of the
three pure electrolyte solutions and for the S.C.D.D.
of various saturated and 1 mMm n-heptyl and n-
octyl alcohol solutions. The average deviation
hetween values of corresponding solutions was 4%
compared to 2% deviation in the S.C.D.D. calcula-
tions themselves; values for 1 m | n-heptyl and
n-octyl alcohol solutions were practically identical
with those for the electrolyte solution itself.

The authors wish to thank the Office of Naval
Research for their support of the research project
upon which the work described was done.
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The capacities of the adsorption and desorption peaks associated with film formation for saturated and supersaturated
solutions of »-amyl, »-hexyl, n-heptyl and «-octyl alcohols were measurectfrom differential capacity oscillograms. The values
of the peak capacities are greater for supersaturated, 1.6, colloidal, solutions than for saturated solutions. The adsorption-
desorption processes taking place at low applied negative potentials give rise to capacities about twice as great as those at
more negative potentials. Desorption processes were found generally to give higher capacities than adsorption processes,
especially with the higher molecular weight alcohols. This is interpreted as indicating that the rate of the desorption process
proceeds as fast or faster than chat of the adsorption process. The minimum capacities due to film formation for the four
normal alcohols decreased as the molecular weight of the alcohol increased. This was ascribed to differences in the dielectric

properties of the alcohols in aqueous solution and to the size of the alcohol molecule.

law maximum relationship were found.

Methods have been outlined2 whereby differ-
ential capacity and surface charge density Fatterns
could be obtained on a cathode-ray oscilloscope.
These methods were applied to the study of ad-
sorption-desorption phenomena of various alcohols
at mercury-saline solution interfaces with special
emphasis on the potentials of the adsorption-de-
sorption cap_acit?;.peaks and on the surface charge
density relationships involved.3 The present study
is concerned with the magnitude of the peak and

minimum capacities encounteredduring film forma-

tion by alcoholsat mercury-saline solution interfaces
as observed from oscillographic capacity patterns.

(1) (a) Sun Oil Co., Norwood,
Michigan, Ann Arbor, Michigan.
(2) (a) J. W. Loveland and P. J. Elving, T nis Journal, 56, 250
(1952); (b) J. W. Loveland and P. J. Elving, ibid., 56, 255 (1952).
(3) J. W. Loveland and P. J. Elving, ibid., 56, 935 (.1952).

Pennsylvania, (b) University of

Capacity peaks exhibiting an Ohm’s

Method of Measurement

Capacity values were calculated in the same manner as in
the determination of differential capacities of pure electro-
lyte solutions.1 In essence, this involves the ratio of the
distances between the charging and discharging Iran's for the
differential capacity pattern and for the calibration pattern,
together with the ratio of the current sensitivity sellings,
the area of the mercury drop and the value of the calibrating
capacitor. The latter was 0.261 + 0.001 microfarad.

An alternate method for the determination of capacity
utilizes a standard height method. The current-measuring
resistance is adjusted so that the anodic and cathodic ca-
pacity peaks reach a given distance on the grid of the os-
cilloscope just prior to the falling of the mercury drop. The
drop-time is measured for determining the area of the mer-
cury drop. The standard capacity is then inserted in place
of the dropping mercury electrode (D.M.E.) cell and the
charging-discharging traces adjusted to the selected height
by the current-measuring resistance. The differential ca-
pacity is calculated from (he ratio of the two resistance set-
tings, the value of (he calibrating capacitor and the area of
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the mercury drop. Because transient phenomena are in-
volved, this method is not as accurate as the photographic
procedure.

The sweep frequency used was 7.5 c.p.s.
D.M.E. arrangement have been described.1

Peak Capacities

Saturated solutions of n-heptyl and re-octyl alcohols in I N
potassium halide gave rise to four capacity peaks on both
the charging and discharging branches of the differential
capacity current oscillograms.3 The potentials at which
these peaks appeared were designated as Vt, Vs, F*and F4
where VA was the roost positive and Ib the most negative of
the four capacity peaks. The saturatf'd solutions of re-hexyl
alcohol were characterized by either two or three capacity
peaks (VS, V& and V4 while the saturated solutions of re
amyl alcohol showed exclusively two peaks (Fa and Fj) on
both the charging and discharging traces.

The supersaturated undegassed solutions of these four al-
cohols gave one adsorption and one desorption capacity peak
per branch. The potentials at which these peaks occurred
were the same as those of Fi and F4for the saturated solu-
tions. The authors use the term "supersaturated” in the
sense that the concentration of the alcohol in colloidal form
in the aqueous phase is above that required for saturation.

The values of peak capacities in microfarads per square
centimeter of mercury surface in Table | are given for the 5-
minutc degassed saturated solutions of the alcohols. Only
the peaks corresponding to the potentials Vs and Fj are con-
sidered. For the Cj- and Cé6alcohols, the peak capacities of
the desorption and adsorption processes at. the corresponding
potentials, Vsand Vs, were, within experimental error, iden-
tical. The heptyl and octyl alcohol saturated solutions, on
the other hand, usually gave different anodic and cathodic
peak capacity values at the same potential. Two generali-
zations can be made regarding the peak capacities: (1) The
peak capacities occurring at the potential of Vs, regardless
of whether the adsorption or desorption process is considered,
are always greater than those which appear at the potential
of F3. (2) For the Cj- and C3aleoholx where double film
formation is prevalent, the desorption processes produce
higher capacity values than do the adsorption processes.

The cell and

Table |

Peak Capacities of Saturated A lcohol Solutions in

M icrofarads per Square Centimeter

,,,,,,,,,, At At v —-
Adsorp- Desorp- Adsorp- Desorp-

Alcohol Solution tion tion tion tion
Ncs 1X Kcl 305 305 105 105
n-C6 1.V KCI 4(10 460 130 * 130
1.V KBr 410 410 127 127
1.VKI 290 290 125 125
n-C7 1.V KCI 250 380 72 102
n-Cs 1A KCI 270 400 90 160
1A KBr 370 410 220 170
1X Kl 220 380 210 115
Tabie Il
tak Capacities of Supersaturated Alcohol Solutions
IN Microfarads per Square Centimeter

P N JE— at IV —

Adsorp- Desorp- Adsorp- Desorp-
Alcohol Solution tion tion tion tion
n-Cit 1.V KCI 370 370 no 110
n-ce 1A KCI 290 540 320 320
1.V KBr 520 520 310 310
1 X KI 370 370 350 350
fi-Ci 1 Ar KCI 500 500 260 590
n-C8 1 X KCI 600 600 190 500
1A KBr 880 880 200 580
1A KT 640 730 200 500

Very large values were found for the peak capacities (Table
11) of the undegassed supersaturated solutions. The values
for a given solutior vary as much as 20%. The capacities
measured at the potential of F, were usually of greater mag-
nitude lhan those at Ib.

J. West Loveland and Philip J. Plying
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Where there are differences between the adsorption and
desorption peak capacities, at the potential of either Ib or Ib,
the capacity lor the adsorption process is small than that
for the desorption process. This difference in peak heights
is interpreted as meaning that the two processes are not
completely reversible and that desorption takes place more
rapidly than adsorption.

Upon degassing of the supersaturated solutions for 5
minutes for cases where three or four peaks are observed in
the charging or discharging curves, the peak capacities corre-
sponding to Vs and V* were either the same or slightly
greater than those given in Table | for saturated solutions.
The values of peak capacity at the potentials of Ib and V4
could be increased or decreased by applying various voltage
sweep spans or by varying the starting and ending potentials
of the voltage sweep3 hence, any calculations on these
capacity pc&ks are of little consequence, until a fuller under-
standing of the phenomenon is realized. The values given
in Tables | and Il have been obtained with voltage sweeps
having a potential span sufficient to include all of the peaks
upon which the measurements were made for each alcohol
solution.

In order to determine if (he presence of oxygen in Ihe un-
degassed supersaturated alcohol solutions was responsible
to any degree for the very high capacity values involved,
oxygen was passed through (he solutions for a length of time
corresponding to (hat. used in the degassing procedures. In
the several cases investigated, the effect of passing oxygen
through the supersaturated solutions was the same as (hat.
attained under degassed conditions, 1.€., the patterns ob-
served resembled those of the supersaturated alcohol solu-
tions which had been degassed with nitrogen.

Discussion

The magnitude of the differential capacity is
directly related to the change of the surface charﬁe
density which in turn is directly related to the
change of the surface tension existing at the mer-
cury-solution interface as a function of potential.
When capacity peaks occur, the surface tension of
the mercury-saline solution interface is abruptly
changed by the adsorption or desorption of the
non-electrolyte at fairéy definite potentials. .

It mar be concluded that the very high capacity
peak values incurred with undegassed supersatu-
rated solutions arc due to the breaking of two or
possibly even three Iarers of alcohol at the mercury
surface, simultaneously and almost instantaneously.
Apparently, the concentration of alcohol molecules
in the vicinity of the mercury electrode under
supersaturated conditions (colloidal form) is so
great that the alcohol molecules are associated
with each other to such a large extent that, as soon
as one layer is adsorbed or desorbed, another
layer is pulled along with it. Under saturated
conditions where lower capacity peak values are
obtained, the alcohol molecules in solution are not
associated as greatly, but are dispersed in the
aqueous medium. After one layer has been ad-
sorbed, the charge on that layer is sufficient to
attract a second layer of alcohol molecules. The
ability to attract a second layer increases with the
molecular weight of the alcohol. Such a behavior
can be correlated with the dielectric characteristics
of the alcohols in aqueous solution. In this con-
nection, Frum kin4has stated that a definite polarit
for the combination 0-0 must exist as é 1, O~{
to explain the production of a potential difference
associated with the adsorption of capillary-active
substances at an air-water boundary. In general,
the higher the dielectric constant, of an alcohol,
the greater the association will be between the water

(4) A. Frumkin, Z. Phi/sik. Cham,, 111, 100 (1924).
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molecules and the alcohol molecules as well as be-
tween the alcohol molecules themselves, although
this latter occurrence is probably negligible in
aqueous solutions at the concentrations used.
Infrared measurements show that the amyl al-
cohols in the liquid state exist in the monomer as
well as the polymer form.- The association effect
is strong enough with a-amyl alcohol that once the
alcohol is adsorbed on the surface of the mercury,
the influence of the water molecules, through
hgdrogen bonding, sufficiently neutralizes the
charge of the OH group of the surrounding alcohol
molecules that the{ are prevented from being ad-
sorbed as a second layer. As the molecular weight
of the alcohol increases, the neutralization of charge
distribution6on the alcohols by the water molecules
decreases, which is manifested by the increased
tendency for the higher alcohols to be attracted by
the small charge of the adsorbed alcohol film and to
form a second layer. From another point of view,
the longer the carbon chain of the alcohol, the
greater the tendency will be for the alcohol to be
“squeezed” out of solution with its polar end di-
rected toward the polarized electrode surface.

Other observations are concurrent with these
views. As stated, the starting potential greatly
influences the height of the capacity peak at po-
tentials corresponding to P4 If the sweep is
started at a potential between that of Vvsand F4
the peak of F4 completely disappeared. This in-
dicates that there is no formation of a second layer
without the first layer being present. Also as the
starting potential isincreased toward more negative
ﬁotentials, the capacity peaks of Ir4 decrease in
eight. As the potential span becomes more nega-
tive, a greater number of cations are drawn toward
the surface of the mercury. These cations are
surrounded by their solvent sheaths but the latter
are presumably pushed aside7 before the metal ions
come in contact with the mercury. Regardless of
whether the water molecules are shed or not by the
cations at the electrode, the situation is that the
concentration of the solvent molecules in the
vicinity of the electrode has been substantially
increased over that which would be present at more
positive potentials. This has the effect of decreas-
Ing the polar attraction of the alcohol molecules to
any film layer already present and may account for
the decreasing peak capacity at F4asmore negative
voltage spans are applied to the D.M .E.

Minimum Capacities

Experimental.—The determinations made of minimum ca-
pacities occurring between the capacity peaks were repro-
ducible to within 2% for saturated solutions of the alcohols.
Figure 1 illustrates the type of oscillogram obtained in the
determination of minimum capacities. The procedure
followed for the estimation of the minimum capacity is ex-
actly the same as that used previously for the determination
of the peak capacity values.

The minimum capacities occur at or near the potentials
of the electrocapillary maximum for each of the halide solu-

(5) L. Pauling, “Nature of the Chemical Bond,” Cornell University
Press, Ithaca, N. Y., 1945, p. 327.

(6) By distributed charges is mea:it the fact that the alkyl portion
acquires a slight positive charge which is balanced by the slight nega-
tive charge usually associated with tl e OH part of the alcohol.

(7) D.C. Crahame, Office of Naval Research, Technical Report No.
1 (1950).
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Potential.

Fig. L—Minimum capacity for 1.V KBr solution satu-
rated with tt-C6l1TOH. Exposure time, 12.0 seconds; mass
per second, 0.291 mg.; sensitivity resistance for curve, 400
ohms; for calibration, 200 ohms.

tions used. Inspection of the values ol Table Ill show a
regular increase in minimum capacities for both the re-hexyl
and »-octyl alcohol solutions, going from the chloride to the
bromide to theiodide. From re-amyl to re-octyl ir. potassium
chloride solutions, there is a general decrease in the minimum
capacity values, with the exception of that for the; re-hcptyl
solution, which is out of place in (he sequence because of its
lower value than the others. This abnormality cannot be
explained. However, (he trend of minimum capacities
toward lower values with increasing molecular weight can
be explained by considering the influence of the solvent
molecules on the dielectric properties of the alcohols and the
size of the alcohol molecules, as is done subsequently.

Nature of the Capacity.— It will be beneficial for
the following discussion to describe briefly and
simply the nature of the total capacity. The equiv-
alent circuit which best represents the electrical
double layer in the presence of a film layer is de-
picted in Fig. 28 where C\ is the capacity of the
mner Iarer etween the electrode surface and the
Helmholtz plane (the
plane which is the center
of the ions nearest to the
mercury surface); Csis
the capacity of the film
layer bounded on the one R2
side by the inner layer  Fig. 2—Equivalent capa-
and on the other side’by city circuit for the electrical
the diffuse layer; C,is the d?uble j*yer in the presence
capacity ot a condenser
(for clean surfaces it is formed by the diffuse layer
and the Helmholtz plane) formed by the diffuse
layer and the film layer; fib is the solution resist-
ance and Rzis the resistance of the film layer.

As was stated in the discussion on peak capaci-
ties, the water molecules surrounding an alcohol
molecule partially neutralize the polar character-
istics associated with the alcohol. This partial
neutralization of charges oil the alcohol molecule,
particularly the slight negative charge residing on
the oxygen of the alcohol, is more fully realized in
the case of a-amyl alcohol than with the higher
molecular weight alcohols. This reduction in

(8) P. C. (.irahame, 3. Am. checm. Sor.. 68, 301 (1940)
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polarizability of the n-amyl alcohol is reflected in
weaker adsorption forces than would otherwise
exist. This would lead one to expect that the
effective distance of the film layer between the inner
and the diffuse layer for n-amyl alcohol to be
greaterthan thatin the case of n-octyl alcohol where
the association effect with the solvent molecules is
less. It is assumed that the capacities of Ci and
ct of Fig. 2 remain constant for all of the alcohol
solutions of 1 N potassium chloride. If this is the
case, then according to the equation for the capacity
consisting of two plates, the capacity of the film
layer Cimay be given as

Ci = DA/iwd (1)

where A is the area of the mercury surface, D is the
dielectric constant of the medium, and dis the effec-
tive distance between the inner and outer layers.

If the coulombic forces of the n-amyl alcohol
layer have been neutralized to a greater extent
than those for a n-octyl Iarer, then the inner and
the diffuse layers are to he less closely attracted by
the amyl layer than by the octyl layer. Calcula-
tions of the relative capacities on this basis for the
two cases indicate that a smaller capacity is ex-
i)ected for the amyl alcohol layer than for the octyl
ayer. Actually, thiswas not observed LTabIe III{.
There are several possible reasons why the capacity
of the amyl alcohol layer is of ?reater ma%nitude
than that of the octyl alcohol layer: (1) The
octyl alcohol molecule is more bulky than that of
the amyl alcohol which means that there is an
increased distance between the inner and outer
layers for the n-octyl alcohol over that for the n-
amyl alcohol. This would correspond to a smaller
capacity for the octyl alcohol solution. (2) More
water molecules are associated with the amyl al-
cohol than with the octyl alcohol which would
increase the capacity of the amyl alcohol layer with
respect to that of the octyl alcohol layer because of
an over-all increased dielectric strength for the

Potential.

Fig. 3.—Minimum and maximum capacities for 1 N IvCI
solution supersaturated with n-C8HTOH: Et — —0.284 v,
Ei = —0.847 v.; exposure time, 14.3 seconds; mass per
second, 0.284 mg.; sensitivity resistance for curve, 700 ohms;
for calibration, 200, 400 ohms.
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amyl alcohol over that for the octyl alcohol. (3)
The formation of double film layers is more prev-
alent with n-octyl alcohol solutions than with
n-amyl alcohol solutions. Whenever capacities
are added in series, the effective capacity decreases.

In Table IIl, the values of minima capacities
increase going from the chloride to the bromide to
the iodide solutions. This effect is explained by
the increase in the capacity value of Cl due to the
presence of different halides in solution.

Tabie Il

M inimum Capacities of Saturated Solutions in M icro-

farads per Square Centimeter

Alcohol 1N ke1 1A KBr 1 N«ki
nG, 5.08
u-Coe 4.72 4.78 6.17
n-Ci 3.90
n-cs 4.09 4.26 5.83

Supersaturated Solutions— When anY suFer-
saturated halide solution of n-octyl alcohol is
analyzed for minimum capacities, the patterns ob-
tained show both a maximum and a minimum
(Fig. 3). For a LN potassium chloride solution
of this alcohol the minimum has a capacity value
of 2.7 /ff./cm.2while the maximum is 7.4 ;tf./cm.2
The same general types of maximum and minimum
were observed for supersaturated n-heptyl alcohol
solutions but not for those of n-amyl and n-hexyl.
These phenomena of minimum and maximum
capacities can be associated with the formation
of double film layers, although no exact reason can
be found to explain the peculiarities.

Polarographic Maxima Relationship

The occurrence of maxima in polarographic
studies is frequent. In case of oxygen maxima,
an Ohm's law relationship is found for the rising
portion of the peak, while the descending part is
abruft. Such a phenomenon has been observed
oscillographically (Fig. 4) with ¢-amyl alcohol as
well as with other alcohols in both undegassed and
degassed solutions. In Fig. 4, the Ohm’s law rela-

Potential.

Fig. 4—Ohm's law relationship observed with 0.05 M i-amyl
alcohol in 1 N KOI solution.
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tionship is realized only in the cathodic branch.
This is also %enerally true of the observations made
with the other alcohols, although there were in-
stances when the anodic portion showed a reversi-
ble phenomenon.

In view of the very high capacities encountered
with adsorption and desorption processes (Table
[1), it would be theoretically possible to observe
in ordinary polarographic procedures capacity

Alcohol Film Formation at Aqueous Saline-M ercury Interface
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currents of several microamperes. It is the inter-
pretation of the authors that maxima obtained in
Rplarograph_ic studies are due to the abnormally
igh capacity currents associated with adsorption
or desorption processes and not to a Faradaic
current.

The authors wish to thank the Office of Naval
Research for their support of the research project
upon which the work described was done.

APPLICATION OF THE CATHODE-HAY OSCILLOSCOPE TO

POLAROGRAPHIC PHENOMENA.

V. INFLUENCE OF FREQUENCY,

CONCENTRATION AND STRUCTURE OF ALCOHOLS ON FILM FORMATION
AT AQUEOUS SALINE SOLUTION-MERCURY INTERFACES

By J. West Lovelandl?2 and Philip J, Elvingll
The Pennsylvania Stale Gdllege, Sate Cdllege, Pennsyivania
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The rosistane« of an alcohol fini layer at the potential of the most negative capacity peak was found to vary inversely
with the square of the voltage sweep frequency. The variation of peak capacities with voltage sweep rates provides a pro-
cedure for determining relative rates of adsorption and desorption of film layers at a mercury-aqueous solution interface.
The potential differences between the capacity peaks for the eight isomeric amyl alcohols have been correlated with the

structures of the alcohols.

The surface charge density difference corresponding to the potential separation of the capacity

peaks with a change in concent ration for the alcohols studied was found to have the simple relationship of the surface charge
density difference as a function cf the log of the concentration over a tenfold range of «oncentration. The analytical implica-

tions are indicated.

The application of the cathode-ray oscilloscope
to the determination of differential capacity and
surface charge density (S.C.D.) vs. voltage relation-
ships has been reported.2 These oscilloscopic
techniques have been applied to the study of film
formation by alcohols from the viewpoints of the
potentials at which absorption and desorption
occur, of the S.C.D. values involved,3 and of the
magnitudes of the capacities observed.4 The pres-
ent study deals with the determination of the
influence of such factors asvoltage sweep frequency,
and concentration and structure of alcohols on the
capacities, potentials and-S.C.D. relationships
involved in film formation.

Measurement Technique

The calculation of potentials, capacities and
S.C.D.from photographs of the oscillographic traces
has been outlined.I2 Alternative procedures for
the direct determination of potentials3and capaci-
tiesd have been described. The results here dis-
cussed have been obtained by both photographic
and direct methods. _

The cell and dropping mercury electrode,
D.M.E., used have also been described.2a The
sweep frequency used was 7.5 c.p.s. unless other-
wise specified.

Influence of Frequency

To determine thé influence of rate of potential
sweep on the peak capacities and potentials, the

(1) (a) Sun Oil Co., Norwood,
Michigan, Ann Arbor, Michigan.

(2) (a) J. W. Loveland and P. J Elving, T his Journar, 56, 250
(1952); (b) J. W. Loveland and P. J. Elving, ibid., 56, 255 (1952).

(3) J. W. Loveland and P. J. Elving, ibid., 56, 935 (1952).

(4) J. W. Loveland and P. J. Elving, ibid., 56, 941 (1952).

Pennsylvania, (b) University of

most negative peaks of 'ne saturated hexyl alcohol
in 1 N potassium chloride solution3were analyzed
for frequency effects. As frequency increases, the
potential difference hetween anodic and cathodic
peaks increases while the peak capacity decreases;
the cathodic peak is shifted to more negative po-
tentials and the anodic peak to more positive
potentials. The resistance of the film layer was
calculated by dividin(? the potential separation of
the anodic and cathodic peaks by the peaix current
after correcting for the iR drop of the solution.
It was assumed that time-lag was negligible and
did not account for any portion of the potential
separation. These calculations are given in Table
[, The drop area was 0.0173 cm.2; the solution
resistance 40 ohms.

TaBLBI
Saturated Solution of Hexyl Alcohol in lNPotasslum
Chiloride
Resist-
Vrathode — Curren;'., Tenthode —  ance, Peak
dF/dl, 1anode, peak to Fanode, film layer, capacity,
volts/seo. millivolts peak, /na. corrected ohms-cm.2 [/if./cm .2
8.93 26 46.3 22 8.3 147
17.7 35 83.5 28 5.9 134
3G.0 45 148 32 3.8 119

The resistance of the film layer varies as the in-
verse ratio 0: the square root of the sweep frequency.
A similar relationship was observed by Jones and
Christian6 for non-polarizable or partially polariz-
able electrodes and by Rozental and Ershler6
for mercury electrodes in solutions containing mer-
curous ions.

(5) G.Jones and S. M. Christian, J. Am. Chem. Soc., 57, 272 (1935).

(0) K. Rozental and R. V. Ershler, Zhur. Fiz. Khim., 22, 1344
(1948); C. A., 43, 253 (1949).
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Grahame7 found that for a potassium nitrate
solution saturated with s-octyl alcohol, the resist-
ance of the alcohol film at the potential of the
peaks varied approximately inversely as the first
power of frequency, but in the neighborhood of the
electrocapillary maximum, the resistance varied
almost inversely as the square of the frequency.
The resistance of the n-hexyl alcohol film layer
near the peak potential, as calculated by the
present authors, is of the same order of magnitude
as that found oy Grahame for the s-octyl alcohol
film layer at a frequency of 240 c.p.s. It 15 possible
that the D.M .E., in the presence of surface-active
contaminants, reacts as a partially Polarized elec-
trode, in which case the resistance of the electrode
system is expected to be inversely proportional to
the square root of the frequency.

The capacity values (Table 1) decrease as the
rate of voltage variation is increased. This same
general behavior was observed by Grahame7 for
saturated s-octyl alcohol solutions at potentials in
the vicinity of the capacity peaks. Such a varia-
tion in capacity may be used as an indication of the
rate of formation or disruption of the film layer.
The differential capacity being measured is a func-
tion of the S.0.D. with potential. The S.C.D.
in turn is directly related to the differential of sur-
face tension at the mercury surface with potential.
Under the experimental conditions used, potential
and time are interchangeable, since the applied
voltage is a linear function of time, i.c., dE/dt
is @ constant. Thus the capacity is a property of
the rate of change of surface tension which is
dependent to a large degree on the rate of formation
of the adsorbing layer. The oscillographic tech-
nique of measuring peak capacities as a function of
sweep frequency offers a rapid and convenient
method for comparing the relative rates of adsorp-
tion and desorption of film layers at a mercury-
aqueous solution interface.

Influence of Structure : The Amyl Alcohols

The eight isomeric amyl alcohols have been in-
vestigated at a concentration of 0.1 M in 1 N
potassium chloride for peak and minimum caﬁaci-
ties, and for peak potentials by the direct methods
of measurement. Values were obtained for solu-
tions with no degassing and with 5 minutes of
de%assmg. The relative values of the capacities
and potentials obtained for undegassed solutions
were not in any way affected by degassing. Peak
potentials (Table Il) and capacity values (Table
[11) are given for the degassed solutions. The
same convention of labelling the relative positions
of the potentials of the capacity peaks used pre-
viously,3li.c., v2and vgzisused. The correspond-
ing peak capacities are designated as C2and C3
and the minimum capacities as C,,,.

To explain the variation of the potential differ-
ences, (F3- V2, of Table Il in the order given on
the basis of solubility leads to confusion. But, if
one considers the structural aspect and its influence
on the potentials of adsorption and desorption,
there is a reasonable correlation. Neopentyl
alcohol shows the least potential difference, ;-amyl

(7) 1>. C. Grahame, J. Ain. Ckem. Soc., 68, 301 (1940).
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the next least, etc., with n-amyl having the greatest
potential difference between the caﬁacity J)eaks.
This sequence is consistent with the hindrance
effects associated with methyl groups alpha and
heta to the carbon attached to the hydroxyl group.
The alcohols also fit nicely into the pattern accord-
ing to whether they are primary, secondary or
tertiarr, with the notable exception of neopentyl
alcohol.
L] Table Il

Peak Potentials for 0.1 M Amyl Alcohol Solutions in
1N Potassium Chloride vs. Mercury Pool

Alcohol \5, V. W V. Vi- M
Neopentyl 0.220 1.054 0.834
/-Amyl .237 1.099 .862
s-1soamyl .209 1112 .903
s-act-Amyl 194 1.146 .952
Diethylmethyl .184 1.150 .960
Isoamyl .182 1.150 .968
p-act-Amyl .109 1.156 .987
a-Amyl 141 1.192 1.051

Table Il

Peak (C2 C») and Minimum (Cm) Capacities OF 0.1
Amyl Alcohol Solutions in 1.V Potassium Chloride
Microfarads per Square Centimeter

Alcohol a C, cm
Neopentyl 430 87 4.56
i-Amyl 375 79 5.35
s-Isoamyl 315 70 534
es-act-Amyl 325 s 5.00
Diethylmethyl 340 85 5.18
Isoamyl 310 72 5.01
p-act-Amyl 310 75 4.93
»Amyl 270 83 5.07

When the capacities of Table I11 are considered,
the values of C2and Csfor neopentyl are greater
than those for any of the others; that of Cmis the
lowest for any of the alcohols. At the other ex-
treme, the low value of C2for /(-amyl seems to fit
the general relationship found for potential differ-
ences. The ¢-amyl alcohol gives the second highest
of the Ci values but the fourth highest of the Cs
values, while the Cmvalue is the highest of all.
Thus, the same relationship of the structure of the
alcohols with the potential values does not hold for
all the capacity values. In general, there seems
to be no direct connection of capacity values with
structure, except possibly when the values of C2
are considered. In this case, if neopentyl alcohol
is excluded from consideration, there is a general
decrease of the C2values going from the tertiary
to the secondary to the primary alcohols.

Concentration Effects

The effect of varying the alcohol concentration
on the potentials of the adsorption and desorption
processes was |nvest|Fated or n-amyl, ¢-amyl,
diethylmethyl, n-hexyl, n-heptyl and n-octyl al-
cohols in 1 N potassium chloride without degassing.
The concentrations, the potentials (V2 and V3
of the two adsorption-desorption capacity Eeaks
and their differences, and the surface charge
density difference (S.C.D.D., g values corre-
%p%r;dlw to the potential differences are given in
able IV,
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Table IV

E ffect of Concentration on Peak Potentials and

Surface Charge Density Difference Values

Concn., Vi, Vi, Vi - v2 q, /tcouloml
Alcohol M V. V. \ cm .2
«-Amyl 0.100 0.134 1.206 1.072 31.5
,050 .213 1.118 0.905 26.7
.040 .243 1.097 .854 25.0
.025 .280 1.014 734 22.0
.020 312 0.994 .682 20.5
.010 .382 .885 .503 15.8
Diethylmethyl 0.250 0.121 1.282 1.161 33.8
. 100 .203 1.182 0.979 28.0
.050 262 1.094 .832 24.1
.025 .332 0.998 .656 19.3
.0125 413 .865 425 13.8
¢-Amyl 0.250 0.192 1.232 1.040 30.0
. 100 .252 1.113 0.861 25.0
.050 .305 1.042 737 2.1
.025 .383 0.915 .532 16.0
.020 414 .870 456 14.1
»-Hexyl 0.0200 0.162 1.180 1.018 29.7
.0150 . 177 1.130 0.953 27.8
.0100 .230 1.088 .858 25.2
.0075 242 1.039 797 23.8
.0050 .292 0.997 .705 21.1.
.00375 .307 .948 641 19.7
n-Heptyl 0.0500 0.110 1.152 1.042 31.6
.00250 .133 1.060 0.927 28.9
.00125 .207 1.0*%21 .814 24.9
.00100 223 0.908 775 24.2
.000625 .235 942 .708 22.6
n-Octyl 0.00125 0. 153 1.147 0.994 29.4
.00100 . 146 1.150 1.004 29.8
.00050 . 160 1.115 0.955 28.5
.00025 .208 1.055 .847 25.6

Application of Langmuir's Isotherm.— In a simi-
lar experiment, Heyrovsky, et al.,s determined
polarographically the potentials at which pyridine
over a twofold concentration range was desorbed
from the D.M.E. in sodium hydroxide solutions.
He assumed that the potential, v, at which desorp-
tion takes place, indicates the maximum number of
Pyridine molecules adsorbed at the mercur¥ sur-
ace. The concentration at the mercury-solution
interface, nc depends on the concentration in the
solution c, according to Langmuir'sisotherm

where nis a proportionality constant and w is the
adsorption  coefficient. Moreover, Heyrovsky
states that n. is proportional to the density of
charge, and therefore to the desorption potential,
v, S0 that

where kis another constant. Values were referred
to the potential of the electrocapillary zero; k
and w were evaluated from the values of vat two
different pyridine concentrations. W ith these two
values, the potentials to be expected at the other
concentrations were calculated. The potentials
calculated agreed with observed potentials to 0.1%.

The present authors have applied the modified
Langmuir equation to the data obtained for the
several alcohol solutions studied. Values of k
and wwere calculated for the five or six concentra-

(8) J. Heyrovsky, F. Collection Czechoslov.

Chem. Comms., 12, 11 (1947).

Sorm and .1 [l'orejt,
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tions used for each alcohol, usin? potentials V2
and v-iseparately as well as their ditference. In no
case were the values of kand wconstant; the devia-
tions of k were of the order of 8% and those of w
were in some cases as great as 100%. The use of
the < values in place of v did not decrease the
amount of deviation of k and wto any great extent.
However, at the higher concentrations, for small
changes in concentration, roughly twofold in ma?-
nitude, the values of k and w agreed reasonably
well for either the potential or the surface charge
calculations. This is the same concentration
range over which Heyrovsky, etal.,sobtained good
results.

Since neither g values nor the potential values,
Fo, vaand (F3 - F2, over the tenfold concentra-
tion ranges involved, seem to fit the modified
Langmuir equation, it was felt that possibly the
Freundlich isotherm equation, if it wereadaptedina
fashion similar to that of the Langmuir, would
provide a reasonable fit of the data. However, the
results were just asincongruous as those obtained
with equation 2.

Surface Charge Density Relationship.— By plot-
ting the values of (F 1- V2 vs. the logarithm of the
concentration, straight line relations were obtained
for most of the alcohols investigated, similarly,
plots of g vs. log ¢ (Fig. 1) gave straight lines In
most cases.

Fig. 1 -Curves of surface charge density difference ((]) \S
concentration (c) for: A, f-amyl; B, diethylmethy]; (', I+
amyl; D, a-hcptyl; E, «octyl alcohols.
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The authors would like to indicate the reasons
why the plots of (F3 - V2 w log ¢ and of g w
log cgive straight lines. Inspection of the S.C.D.
oscillogram of 1 N potassium chloride (similar to
that for potassium bromide in Fig. 6, reference 3)
shows a fairly linear relationship at potentials both
more positive and more negative than that of the
electrocapillary maximum (0J56 volt ws. N.C.E.
for 1 N KCl{ which comes at the bend of the
curve. Since the variation of the values of F*
and Vo takes place over the linear portions of the
curve, the values of (F3- F2 willvary in the same
manner as those of g However, if the values of
F3and V2were such that one of them varied over
the potential range of from 0.4 to 08 volt w.
N.C.E., then the value of g would not linearly
follow those of (F3- F2. Accordinglr, the use of
potential values in equation 2 is misleading and
should be replaced hy the corres?onding surface
charge density values. The excellent agreement
which He rovskﬁ obtained with potential measure-
ments is due to the fact that the S.C.D. values over
the potential range used vary with potential in a
fairly linear fashion. In fact, when Heyrovsky’s
values of vand c are plotted in the form of v s.
log c, excellent straight line relationships are found
over the twofold concentration ran?e involved.

n-Amyl, n-hexyl and n-heptyl alcohols give
straight line relationships within experimental
error (Fig. 1). For n-octyl alcohol the concentra-
tion range used was limited by the disapFearance
of the peaks being measured so that only a few
points are available. The increase of the one value
of (F3 - Vi) with a decrease in concentration is
inexplicable except on the basis of the peculiarities
of double film layers. For the diethylmethyl and
¢-amyl alcohol curves, straight line relationships
are realized over the first three or four points
corresponding to the higher concentrations while,
at the lower concentrations, the points diverge
from astraight line. This divergence is unexpected
in view of the results obtained for the normal
alcohols. The only explanation which can be
offered for the non-linearity of these curves is that
at high concentrations the molecules of diethyl
carbinol and the ¢-amyl alcohol are close enough
together so that structural hindrance to the align-
ment of the alcohol molecules at the mercury sur-
face takes place. At lower concentrations, the
molecules are further apart and the influence of
structure on the lining up of molecules is less prev-
alent. The result of this is to require a greater
S.C.D. than expected at high concentrations and a
normal S.C.D. at low concentrations for adsorption
to take place.

The equation which best fits the data of concen-
tration, ¢, as a function of the surface charge den-
sity difference, g, is

gq=mlgc+ b 3)

J. West Loveland and Philip J. Elving
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where mand bare constants for a particular adsorb-
able species. Equation 3 is that for a straight line
so that the value of mmay be calculated from the
slope of the line and the value of bfrom the inter-
cept of the gaxis whenc = 1(in terms of molarity).
Using the curves of n-amyl, w.-hexyl and n-heptyl
alcohols, the values of m are calculated to be 15.3,
13.6 and 11.1, and those of bto be 46.3, 52.4 and
57.5, respectively. The significance of the b
term may be associated with the solubility of the
various alcohols; i.e., the less the solubility the
greater the value of b becomes. The slope, to,
may be roughly compared to the dielectric proper-
ties and size of the alcohol molecules. Possiblg, a
better understanding of the true meaning of m
would be forthcoming by investigating other
homologous 'series of compounds, such as ketones
and aldehydes, in the same manner as that used on
the alcohols.

Analytical and Other Applications

The application of oscillographic techniques to
the quantitative determination of alcohols or
almost any slightly soluble organic compound in
aqueous solution which give rise to adsorption-
desorption capacity peaks, is in theory feasible.
The procedure would be to make a calibration plot
of peak Eotential separation vs. concentration for
a given base solution for each, organic compound
used. To analyze for the concentration of the
organic compound in water, the solution must be
made up to correspond to the base solution used in
calibration, and the potentials of the capacitg peaks
measured. The potential difference gives the con-
centration directly from the calibration curve.

The distinct advantage of this method is that
the potential separation of the capacity peaks
changes most rapidly at the lower concentrations,
where other technigues become less accurate;
thus, for n-amyl alcohol solutions, assumingi an ac-
curacy in potential measurements of +4 millivolts,
the error in estimating concentrations at about 0.1
M would be about 6%, while at 0.01 M, the error
would be about 2%.

A particularly appropriate application would be
in measuring the change of concentration with time
as in monitoring a flowing stream or in determining
reaction rates.

The authors have presented this and previous
papers on the application of the oscilloscope to the
study of adsorption phenomena with the intent of
indicating the tyﬁe of information which may be
obtained from the technique. It is hoped that
other investigators will be encouraged to apply
this method to problems involving surface tension,
surface charge and capacity.

The authors wish to thank the Office of Naval
Research for their support of the research project
upon which the work described was done.
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The general case of the percolation problem has already been discussed in cetail by many investigators for the case of
a single solute, but for the case o: more than one solute it has not yet been solved, though some progress has been made in
the case in which the equilibrium between fluid and solid can be assumed.
rigorously a general case of two solutes, assuming irreversible adsorption. The results obtained show clearly the chromato-
In order to handle this problem more precisely the orocess of
desorption should also be taken into consideration, as in the writer's previous paperifor the case of a single solute.

graphic separation of two adsorbates, as should be expected.

the discussion of such a problem will be considered in a forthcoming paper.

Introduction

The theory of percolation phenomena is of much
practical importance in connection with various
problems in chemical engineering and chemical
analysis as well. Chromatography, which has re-
cently been widely used for chemical analysis of
various kinds of organic orinorganic substances, is a
direct application of these phenomena, though the
exact theory of chromatography as yet has not been
completed and a conventional formula iscommonly
used.2 The present status of the theory of Feroola-
tion was carefully summarized by Thiele3 and
Klotz4 and lately the theory has further been de-
veloped by Amundson,5 Brinkley,6 Fukuda and
Kawazoe,7 Thomas,8 Hiester and Vermeulen,9 the
present writer,1and others. Throu?h the numer-
ous investigations hitherto made almost all have
mainly referred to the case in which the solution
flowin? through the adsorption bed contains only
a single solute, while in the case of many solutes
little progress has been made. In the latter case
the only mathematical analysis that has been un-
dertaken is for the rates of adsorption of all solutes
on the bed assumed to be infinite. This assump-
tion was considered to be applicable to the case of
chromatography and many important contribu-
tions were made by Wilson,0Devault, 1 Walter,22
Glueckauf,13and others.

The general case for more than one solute has not
yet been solved. This is probably due not only to
the mathematical complications which would ap-
Eear, hut also to physical obscurities regarding the

ehaviors of each solute in a system which is com-
posed of the solvent, the solutes and the bed. Ac-
cordingly, any mathematical consideration of this
case may not be undertaken without making as-
sumptions as to the physical behaviors of the sol-
utes.

In this paper, the case of two solutes which have
no mutual interaction is taken and solved exactly

(1) H. Fujita, Kagaki-Kikai (Chemical Engineering, Tokyo], in press.

(2) K. satake, Kagaku no Ryoiki, (J. Japan Chem.), [7] 3, 2 (1949).

(3) E. W. Thiele, Ind. Eng. Chem., 38, 646 (1946).

(4) 1. M. Klotz, Chem. Revs., 39, 241 (1946).

(5) N. R. Amundson, T his Journat, 52, 1153 (1948).

(6) S. R. Brinkley, J. Appl. Phys. 18, 582 (1948).

(7) Y. Fukuda and K. Kawazoe, Kagakukogahu to Kagakukikai
(Chemical Engineering and Chemical Machinery, Tokyo), 7, 114 (1949).

(8) H. C. Thomas, Ann. N. Y. Acad. Sci., 49, 161 (1948).

(9) N. K. Hiester and T. Vermeulen, “ Performance of lon Exchange
and Adsorption Columns, Part |I. Saturation Theory”
submitted to Chemical Engineering Progress).

(10) J. N. Wilson, J. Am. Chem. Soc., 62, 1583 (1940).

(11) D. Devault, ibid., 65, 532 (1943).

(12) 3. E. Walter, J. Chem. Phys., 13, 229 (1945).
(13) E. Gfueck~uf, Nature, 156, 2C5 (1945).
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assuming irreversible adsorption for hoth the sol-
utes.

Fundamental Equations

Consider an adsorption bed of unit cross section,
throu?h which a solute containing two different sol-
utes flows one-dimensionally with a constant speed,
with the coordinate axis, z downstream, the en-
trance of the bed being 2 = 0.

Assuming irreversible adsorpt.on for each solute,
as mentioned above, and denoting by A the mean
surface area per unit volume of the adsorhent: K
the mean area of the adsorbent covered with the
unit mass of the f-th solute, »5), where i = 1,2; m,
the amount of  on the bed perunit volume of the
bed; (f, the concentration of S;in the fluid stream;
then the local rate of adsorption of s-, namely, orti/
ot, will be

Orli/aot = FCHA —yilli — 72K2) (i —1,2) (1)

where t denotes time and k, a rate constant (i =
1.2).

Next, making a material balance overan elemental
thickness of the bed, the following equation is ob-
tained

1 orii

a o a=1,2)

o T @ 2)
where V is the speed of the fluid stream and a the
fractional void volume of the bed.

In order to determine uniquely the solution of the
above simultaneous equations (1) and (2), appro-
priate auxiliary conditions must be appended. In
what follows the rather particular conditions which
have usualy been adopted by most of the authors
in their studies on the percolation problem of a sin-
gle solute are taken. They are stated as

CG=0 M=0( =0 2>0),
e =c¢clu>012=0)
To facilitate the analysis it is convenient to intro-
duce the following dimensionless variables

0= 12 (3

g nm . z ,t_ .
a X = W, - T
(4)
P, = Ai = klJoA 0 = 1,2)
tobeing an appropriate unit of time. In terms of

these quantities Eq. (1) and (2) are written in the
dimensionless forms

atii , api _ oif,
Or 0x 10r
Pi xf- = Ai(l — 6)
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In this paper the writer has undertaken to solve

However,
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af-i , gpi _ _ - 0i-2
oT  Ox 1 o1 ™
& o1 = Xi(1 — A — hyp-i (8)
Also, the conditions (3) are expressed as
*n .
p— = o = A2 = 0 (r = 0,i > 0)
(9)

P —v2= 1(t> 0,a = 0)

After Amundson, the change of variables from
(.r, r) to (J,7;) is made according to the relations

£=Xi, V= (X,/ftX» - 1) (10)

with £evidently being not negative.
Equations (5) ~ (8) are then put in the forms

= Qda (H)
OPIOl, = —H(1 — i —Irg) (12)
aw/al; - (13)
dofal) ~ — 1 —vi —ip) (14)
where
0= €= XIAr 15)

These two quantities are essential parameters in
this problem.
From Eq. (11) and (13) it can be seen that there
exist, such functions, $ and T, that
ip = O5077, 'Pi = 04>/hE

& = 5'P/OE (16)

Using these functions Eq. (12) ~
to the two equations

(14) are reduced

ozt di/ dl>  o'P\ 17
oo, aON\ of / an
0P o/ o> 0nX
of au (18)
Further, putting
L= b —£ hre P (19)
these are put, in the forms
02b*  o<i>Mo<P*  O4("\ 20
ao]  Gi v / (20)
oA * 0N* JO<P* 1
By~ A \ai+ ai) (21)

The object o: the present paper is to solve rigor-
ously this set of equations, both of which are non-
linear and hyperbolic.

Method of Solution

To begin with, both of the above equations are in-

tegrated once with respect to £, leading to
= Kv) exp (& + ip*)

= SM exp M<t>* + ¢*)!

(22)
(23)

where f(7) and g(rj) represent arbitrary functions

of . Combining Eq. (22) with Eq. (23), and put-
ting
$* + **= 7 (24)
there results
dz/dr, = (jez + Wvjesw (25)
which can also be putin the form
W/tn, = () - gWWZ* (26)
by putting
Z =—InW 27)

Hiroshi Fimita

Voi. 50

Now, expressing the conditions (9) in terms of
£, ?and <>* & * the first equation of (9) becomes

o<t>* -0 o«t>*
- t E>0v>0) (28)
o = 0 o=
and, the second
04-70T7 = 1, 0'bVOr, = 1/0 (t = 0, w< 0) (2)
Equations (28) give immediately
W*E, 7)) = -£, +(E,V, - 0(1 > 0,7- 0) (30)
which complete the required solution in the do-

main: £> 0, > 0. Consequently, the following
considerations may lie confined to the domain:
£> 077< 0.

Equations (22), (23) and (29) lead to

fMexp [€*0, ) +**(0. )} = I
gbdexp U[+*(0,,) + K*0,1)11 = X &I~

which yield at once a relation between f(7) and

g(v) as

UMV = ogW (32)
Thus, Eq. (26) can be written as
diFfor, = -fir,) - {\e)\U-n)YW-° (33)

On the other hand, combination of Eq. (27) with
Eq. (31) gives
IF (O 1) = f(ij) (34

Then, putting £ = 0 in Eq. (33) and inserting Eq.

(34) into the equation thus obtained, provides
df(r,)/((17j = —[(1 + 0)/0]f(r,) (35)
whence
_ =i
f(i?) = f(0)e 0 (36)
The integration constant f(0) is easily deter-

mined by considering various relations given above,
resulting

f(0) = 1
Thus

W=¢e" o' (37)
Substituting this into Eq. (33) gives for TF a partial
differential equation of the first order
A 1+« s %(1+9)
O1F 1—
po N 38)
A e
The general solution of this equation is easily ob-
tained as
1+7
/| irn)e 8
(af

+ H({) (39

(

where S (£) is an arbitrary function of £ To deter-
mine the form of E(£), ~ = 0 is out in the above
equation, and there results

ine.o)
E(t) . (40)
Now, since
JT(h0) = oxp I-Z((, 01 = exp {-[¢*(£, 0) +
¢ *(£.011 (41
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and $*§£, o) and 'k*(£, o) are determined, respec-
tively, from the expressions for $*%£, y) and 'k*(£, v)
as given by Eq. (30), causing §—>0, we obtain

To(], 0) = e£ (42)
Then, the expresison for E(£) becomes

hi - / (N7 df

In this way the result is finally obtained
A

- v

(43)

df

which may also be written as
1+9

Except for some special cases of the values of aand
9, no closed expression for ITin terms of £and f may
probably be obtained.

Expressions of the Solutions
Next, final expression must be found for the re-

quired solutions, namely, for x 42, \/xand \m2
These quantities have already been written in terms
of $* and 'fr* as

M=0+7dv,7, = 1+ (hd>*/d{);

p, = O(d+*/di7), 7 = O+*/dt
Also, by Eq. (22), (24), (27) and (37), <gxis expressed
as

(46)

9+1
a = 1/(IFe"9 ") (47)
First, inserting this into Eq. (44), gives
V. a8 =7 (48)

the equation which determines ¢xas a function of £
and ijwhen the values of <and 9are given.
Next, integrating the first relation in Eq. (40)

with 7, provides
+* =3 W

+ G(b) (49)

with (?(£) denoting an arbitrary function of £ The
form of G(£) is immediately determined by remem-
bering that $*(£, o) = - £ and tints

+*=-f£ +- ¥id7 (50)

On putting this into the second relation in Eq. (46),

namely, = 1+ 7.7 gives

fl- Jo * ©D
On the other hamd, bg partial differentiation of
Eq. (48) with respect to £ there results

afi CAh
a cE 2
m

(52)
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and again, from Eq. (48), the relation
i3= - o

(53)
m

is also deduced. Substituting both the relations

thus obtained into the integrand of Eq. (51(} and

integrating, the final expression for isarrived at
YI(f, ) — <PIE, 0)
h =je-+i\ _ (04)

\' o) 1 o'
In the same way the corresponding expressions
for qwand x®are readily found, giving

(55)

(<pi)a

Ri - [Yl(b yiva — [yl(b 0)7

eK!-r) ee
It will be seen here that if only the value of xis
obtained, the values of i/n, i2and \p2are immedi-
ately determined by some simple computations.

(56)

Case of a Single Solute

The analysis developed in the foregoing lines has
referred to the case of two solutes. However, it
will be seen without difficulty that the case of a sin-
gle solute, as treated by Amundson,sis a limiting
case of the general problem when a->0. Thus, to
investigate whether the general formulas obtained
above yield, as their limiting forms, the results of
Amundson is of theoretical interest.

First, by making a->Cin Eq. (45)

F(f,t; 0,e) =In(f- Ly - 1)
and, therefore, Eq. (48) can be written as

-0
whence
1+ (e£—1)7 )
Then, from Eq. (54) comes
7=1 (58)
1+ (7 - 17

Also, it can he seen at once that j@2= land xy2= 0,
as would be expected.

The results thus obtained, Eq. (57) and &58), co-
incide with those which are derived from Amund-
son’s ?eneral formulas for tpi and xxin the case of
a single solute, except for the differences in nota-
tions.

Steady State

The steady state value for various quantities are
obtained from the general results given previously
br proceeding to the limit 7 A which is equiv-
alent to makingSr infinitely large.

From Eq. (45) it can be seen that when P->1, U
hecomes infinitely large in negative sign for all posi-
tive values of £ and, therefore, from Eq. (48), it is
found that

vﬂr’nlt@viiii vy = 1 (59)
Again, from Eq. (45) and (48)
4S6) = (60)
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Consequently, Eq. (55) leads to

limit <M, ) = 1 (01)
and, further, from Eq. (54) and (56)
1—en
limit m = (e+ n
D—>— @ 6—/\ n
v 8 ) e o
limit Mi, ?) = LT

g il » + i; ?.|
Making £->0 in these equations the steady values
of ipr and \ at the entrance of the bed are found,
namely

1»-»il
9 1

limit <h(©, ) = [« + 9]
(63)
limit MO, V) = k/(<r + 9)]
Br — @©
Also, making £-> o in Eq. (02) it can be seen that
if o4=0
limit M 00,v) = [o/9 + 1
limie V) = et 1) 04
limit MAtV) = [1/(9 + 1)

A Numerical Example

The various analytical results obtained in the pre-
vious section are considerably complicated in form
and, therefore, the concrete results of the problem
may not be found directly from them alone. Thus,
some numerical calculations will be carried out for
attaining this purpose. Performin? the extensive
computations is not easy because of the analytical
restrictions of solving the transcendental equation
Lor <, (48), with which the numerical computation

egins.

s was mentioned previously, the evaluation of
the integral in Eq. (452 cannot be made except for
msome special values of aand 9 This fact makes
cumbersome the numerical discussions. However,
an aspect of the general character of the solution
might perhaps be obtained by numerically discuss-
ing aspecial case.

Consider then the case in which a = '/2and 9 =
1. Here the integration for U(i, £ o 9 can be

Fig. 1L.—The fluid concentration history for solute 1 as
a function of bed position and elapsed time: a, r = o0; |k
t =8 ¢,t=5 dr- 20, e7=14 g, = 08; h
e

Hiroshi Fujita
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Fig. 3.—The adsorbent concentration history for solute 2

made analytically, so that the amount of numeri-
cal calculations ismuch reduced.
Now, when a= V’'and 0=1, Eq. (48) hecomes

(A, -m)(* +)=_

e3v (hc- — 1/ A2e2 + (65)

Putting jpi = 1'c2and changing back the variables
from . » to (r, -,. the above equation is written as
(w- DZ2c + 1) =

AN N Xe Xitr

e 1 T(c2- 1\2e 2 + 1) (GO
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To solve this numerically in terms of oj the values of
Aiand  must be assigned. In this place, they are
taken as

I, ft = 3 (07)
Then, Eq. (66) is

WwW- 1)22u + 1) =

(x—t X X
e* 12X (€2- 1s2e2+ 1) (08)

Since this is cubic with o, this could be solved with
the aid of the so-called Cardan’s formula, o- New-
ton's method for hading an approximate solution of
any given equation. In the course of this compu-
tation we have frequently encountered the case

©- 2w + 3) = e< | (09)
In such a case, instead of the methods just cited

the following expansion in ehas heen used for the
calculation of ®

(70)
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Thus, the curves for giplotted against x for several
values of r are shown in Fig. L

The corresponding curves for g fa and fa can
then be immediately plotted, and as an example,
those for fa and fa are shown in Figs. 2 and 3, re-
spectively.

These figures indicate that fa always has its max-
imum point at the entrance of the bed and decreases
monotonously with increasing distance x, while for
fa, though its maximum point also appears at the
entrance of the bed in the early stage of the process,
the maximum moves Pradually downstream with
time. In this way, after some time has elapsed,
these two maximum points are clearly separated.
This is not unlike the so-called chromatographic
separation.
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The critical concentrations, tp, of the potassium n-alkanecarboxylat.es from the hexanoate to the tetradecanoate, as
determined by a titrimetrie method employing pinacyanole chloride for indicator, (it closely e [nation (3) in which .V is the
number of carbon atoms in the alkyl radical. From the variation with soap concentration of the optical densities at the
average wave lengths of three absorption bands in the presence of pinacyanole, the same values for ( are obtained for the
soaps of from nine to fourteen carbon atoms as by the visual method. For the soaps of shorter chain length, the spectro-
photometrically determined critical concentrations are considerably lower than those obtained by the visual means. Atten-
tion is directed to the significance given the coefficient of N in the above e .juation by Debye and by Corrin. According to
Debye’s analysis, the coefficient is the energy change during micellizaiion per CHSgroup divided by 2.303(3*7’), in which e
is the Boltzmann constant and T the absolute temperature. Corrin evaluates both constants in terms of the standard free

energy changes that accompany micellizaiion.

The light absorption characteristics of freshly prepare.! soap-pinacyanole
solutions change with time in a manner that suggests micelle formation is not an instantaneous process.

The time required

for maximum formation of micelles appears to lie a decreasing function of chain length.

Introduction

The occurrence of some organic electrolytes in a
colloidal state was envisioned first in 1913 by Mc-
Bain2and by Reychler.3 The first valid demon-
stration of a critical passage by a solute from an
ionic to a micellar distribution was made by Bury
and his collaborators.4~e The methods that
have been employed most for the determination
of the critical concentration for micelle form-
ation have been based on measurements of elec-
trical conductivity, freezing point lowering, dew
point lowering, surface and interfacial tension,
density, electromotive force, solubility, solubili-

(1) This investigation was carried out under the sponsorship of the

Reconstruction Finance Corporation, Office of Rubber Reserve, in
S. H.

Herzfeld, Chemistry Division, Office of Scientific Research, Air Re-

connection with the -Government's synthetic rubber program.

search and Development Command, Baltimore 3, Md.
(2) 3. w. McBain, Trans. Faraday Soc., 9, 99 (1913).
(3) A. Reychler, Kolloid Z.. 12, 277 (1913).
(4) E. R. Jones and C. R. Bury, Phil. May., 4, 841 (1927).
(5) D. G. Davies and C. R. Bury, J. Chetn. Soc., 2263 (1930).
(6) J. Grindley and C. R. Bury, ibid,, 679 (1929).

zation and viscosity. More recently, methods
hased on light scattering7~ Dand absorpton spectrall
have been introduced. In all these, the rate of
change of the measured property with increase
in concentration shows a more or less sharp change
as micelle formation sets in.

The values obtained for the critical concentra-
tion of a long-chain electrolyte by different in-
vestigators, frequently employing the same method,
have shown wide divergencies. Thus the following-
values have been reported or inferred for the
critical concentration of potassium or sodium
dodecanoate: 0.07 to 0.10 molar from freezing
point data,220.025 molar by solubilization at 40°,13

(7) R. F. Stamm, T. Mariner and J. K. Dixon, J. Chern. Phys., 16,
423 (1948).

(8) P. Debye, This .Journat, 53, 1 (1949).

(9) P. Debye, Ann. N. Y. Acad. Sci., 51, 575 (1949).

(10) P. Debye and E. W. Anaeker, T his Journa 1, 55, 644 (1951).

(11) W. D. Harkins, IT. Krizek and M. L. Corrin, J. Colloid Sci., 6,
576 (1951).

(12) M. Randall, J. W. McBain and A. McL. White, /. Am. Chem.

Soc., 48, 2517 (1926).

(13) I, M. Kolthoffand W. F. Johnson, T his Journa1,50,440 (1946).
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0.20 molar (“complete micellizatioa”) by solubiliza-
tion at 25°,140 15 molar by equivalent conductivity
at 18°,50.038 molarBand 0.034 molarT by density
at 25° and 0.028 molar by equivalent conductivity
at 17 to 80° (average value).ls Of the six values,
three are in fair agreement and indicate a critical
concentration of about 0.03 molar. On the other
hand, Tartar and co-workers have obtained good
agreement among four methods for the critical
concentration of sodium dodecanesulfonate: 0.0097
molar by density and 0.010 molar by viscosity at
40°,7 0.0098 molal by solubility at 31.5°,8 and
900‘1y1e0 molar from specific conductance data at

The critical concentration for the formation of
micelles, at best, is not a definite concentration but
rather a concentration range throughout which
the concentration of micelles increases faster than
the total (stoichiometric) concentration. This has
been demonstrated by the definite curvature be-
tween the twc linear portions of property-com-
position plots,2121 and also by the character of the
sFectraI changes exhibited by dyes.22 From very
slight to moderate variations of critical concentra-
tion with temperature have heen reported. In
some cases, measurements by different methods
over the same temperature range have shown op-
posite trends. Scott and Tartar,24 working with
decyltrimethyk.mmoriium and dodecyltrimethyl-
ammonium bromides, found that the critical
concentrations between 25 and 60° as indicated by
conductivity increased slightly and as shown by
density decreased moderately.  From such findings
it may be inferred that, the temperature coefficient
of agiven pr.operty in solution may differ above and
below the critical level, and no parallelism should be
expected for different properties either in the con-
centration range of micelles or of discrete ions.
Thus itis a coincidence if two methods give exactly
the same value for any critical concentration at a
specified temperature. o N

The method for the determination of critical
concentration of long-chain electrolytes by the
change in color or spectrum of dyes is of wide and
ready applicability. The dye employed undergoes
no change in spectrum in the presence of moderate
concentrations of simple salts, and it need not be
used in neutral solution provided the dye ion retains
a charge opposite in sign to that of the long-chain
ion. The dye method thus is applicable to slightly

(14) J. W. McBain and Sister A. A. Green, J. Am. Chem. Sac., 68,
1731 (1946).

(15) J. W. McBain, M. E. Laing and A. F. Titley, J. Chem. Soc., 115,
1279 (1919).

(16) C. R. Bury and G. A. Parry, ibid., 626 (1935).

(17) K. A. Wright and H. V. Tartar, ./. Am. Chem. Soc., 61, 544
(1939).

(18) P. Ekwall, Kodoid Z., 101, 135 (1942).

(19) 1l. V. Tartar and K. A. Wright, ./. Am. Chem. Soc., 61, 539
(1939).

(20) K. A. Wright, A. D. Abbott, V. Sivertz and H. V. Tartar, ibid.,
61, 549 (1939).

(21) K. Hess, W. Philippoff and H. Kiessig, KoUoid Z., 88, 40
(1939).

(22) M. L. Corrin, H. B. Elevens and W. D. Harkins, ./. Chem.
Phys., 14, 216 (1946).

(23) M. L. Corrin, H. B. Elevens and W. D. Harkins, ibid., 14, 480
(1946).

(24) A. B. Scott and H. V. Tartar, J. Am. Chem. Soc., 65, 692
(1943).
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hydrolyzed long-chain ions. It measures a change
in behavior involving only long-chain ions and
their micelles, and to a considerable degree this
procedure is independent of changes in the proper-
ties of the solvent that may be induced either by
the long-chain electrolyte or by an added substance.
Although the spectrogram of pinacyanole in the
presence of long-chain electrolytes varies consider-
ably with change in the nature of either the polar or
non-polar group,2 it remains essentially constant
within a homologous series.

Very little work had been done on the critical
concentrations of the straight chain soaps contain-
ing an odd or small number of carbon atoms.
In the presently described study, the dfwe method
was applied to the measurement of the critical
molarities of all straight chain saturated soaps
sufficiently soluble in water at room temperature
(25°) to enable the preparation of micellar solutions.

Marked changes in the absorption spectra of
cyanine, dyes with environment were observed by
Sheppard,5 who found that the spectral behavior
of pinacyanole chloride in water differs conspic-
uously from that in organic solvents of low polarity.
Sheppard and Geddesa further showed that, the
spectrum in solutions of gelatin and of hexadecyl-
Fyridinium chloride ap.Eroaches that in organic
iquids. Sheppard ascribed this phenomenon to a
reversible transition of the dye between the a%gre-
gated state found in water and a monomeric form
adsorbed on the colloid. Corrin, Klevens and
Harkins2 found that a much more pronounced
change in the spectrum of pinacyanole is brou?ht
about in the presence of anionic long-chain elec-
trolytes. These investigators made a detailed
study of the spectral changes exhibited in solutions
of potassium dodecanoatc and tctradecanoate.
They discovered rapid changes in the intensities
of three absorption bands in the region of the
critical concentrations of these two soaps; a band
shifting between 480 and 490 my disappeared, and
two bands at about 570 my and 615 my appeared
simultaneously as the concentration was increased.
With alkanecarboxylat.es of shorter chain length,
beginning with the octanoate, the maximum at
490 my disaf)pears, with increase in molarity of
soap, well below the value of the critical concentra-
tion established by the visual procedure developed
by Corrin, Klevens and Harkins2 and described in
this report. However, even in the absence of
maxima, the optical density at 490 my falls rapidly
in the same concentration range at which the
values of log 101 for the band maxima at the two
longer wave lengths show their rapid rise (Figs.
1-5%. This molarity range is interpreted as repre-
senting the critical micelle concentration. Visu-
ally, piacyanole has a blue colorin a soap solution
gblove the critical concentration and a red color
elow.

Experimental Details

. Preparation of Soaps.—The soaps were prepared in
boiling 95% ethanol from commercially available “pure”
fatty acids or from refractionated esters, by the action of
reagent grade potassium hydroxide in 10% excess. The

(25) S. E. Sheppard, Rev. Modern Phys., 14, 303 (1942).
(26) S. E. Sheppard and A. L. Geddes, 3. chem. Phys., 13, 63 (1945).
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Fig. 1.—Intensities of absorption by 10“4 molar pina-
cyanole at average positions of band maxima as functions
of concentration of potassium hexanoate.

Fig. 2.—Intensities of absorption by 10~5 molar pina-
cyanole at average positions of band maxima as functions
of concentration of potassium heptanoate.

filtered reaction solution was concentrated and cooled. The
precipitated soap was collected and recrystallized from three
to five times in absolute ethanol, until the critical eoneen-
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Fig. 3.—Intensities of absorption by 5 X 10“5molar pina-
cyanole at average positions of band maxima as functions
of concentration of potassium heptanoate.

Fig. 4.—Intensities of absorption by 5 X '.0~5 molar
pinacyanole at average positions of band maxima as func-
tions of concentration of potassium octanoate (by permission
of M. L. Corrin, Univ. of Chicago).

tration reached a constant value. Drying was effected by
continuous evacuation at room temperature.

I1. Preparation of Solutions.—All solutions were pre-
pared by weighing the solute in a volumetric flask and bring-
ing the solution to volume at 25°. A stock solution of
pinacyanole chloride of ten times the molarity used in the
subsequent measurements was made. It was found
convenient to stir the dye briefly in water at 40 to 45° to
effect, rapid and complete solution. Before the soap solu-
tions were brought to volume, one-tenth volume of stock
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Fig. 5.—Intensifies of absorption by 5 X 10~6 molar
pinacyanole at average positions of band maxima as func-
tions of concentration of potassium nonanoate.

pinacyanole was added. In the visual method with the
short-chain soaps, the solutions were allowed to age briefly
in order to let the color attain its maximum blue value.
The initial molarity of soap in the visual studies was made
about 1.5 times the anticipated critical value.

I11. Analytical Procedures. (A) Visual Method.—A
measured volume of soap-dye solution, usually 5.00 ml.,
was introduced into a 50-ml. volumetric flask. To this the
dye solution in 1:10 dilution was added from a buret until
the initial blue color had changed to the first definite blue-
purple. This color was chosen so as to give the same criti-
cal concentration for potassium dodecanoate as that, which
had been obtained spectrophotometrically by Corrin, Kle-
vens and Harkins.2 The same end-point was used in all
subsequent titrations. It was observed with light from a
white fluorescent lamp through the neck of the stoppered,
inverted flask helc perpendicular, to the line of vision. The
temperature of the room was maintained at 25 + 1°. De-
terminations were made at least in triplicate.

(B) Spectrophotometric Method.—From the absorption
spectrograms of potassium nonanoate at ten different mo-
larities (from 0.0539 to 0.2982) as determined with a Beck-
man spectrophotometer, the average positions of the band
maxima were established at 490 + 2 MU, 561 + 1 mijl, and
604 + 2 m/i. The deviations from these positions for the
heptanoate and hexanoate usually were less than 5 my.
From the spectrograms for potassium octanoate as deter-
mined by Corrin,Z the average positions appear at 489, 563
and 607 my. Because of the rapidity with which the trans-
mission characteristics of pinacyanole in a freshly prepared
soap solution change, it was considered desirable to measure
the optical densities quickly at the average positions of the
three bands. All measurements thus were made at 490,
561 and 604 my and were completed except in one series
(Fig. 5, 490 my) within three minutes after the soap, pina-
cyanole and water were brought together. The value of
log h/1 as a function of soap concentration was then plotted
for each band. Ixo temperature control was made in these
spectrophotometric studies.

1V. Choice of Pinacyanole Concentration.—In the
visual method, it was found with all soaps that a minimum

(27) M. 1,. Corrin, unpublished data, Department of Chemistry,
University of Chicago (1947).
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concentration of dye occurred above which values for the
critical concentration remained constant. The concentra-
tion of 5 X 10—molar was above this minimum for all soaps
studied except the hexanoate, and the pinacyanole was used
at this molarity in all determinations from the heptanoate
to the tetradecanoafe. The critical concentration of the
hexanoate -was measured in 10— molar pinacyanole. Spec-
trophotometric measurements were made at the same
concentrations of dye, and additional studies were con-
ducted at lower molarities to reveal the effect of dye concen-
tration also in this procedure.

Results

The values for the critical concentrations of the
nine potassium «-alkanecarboxylates from the hex-
anoate to the tetradecanoate as determined by
visual means with pinacyanole are shown in column
3ofTable I. They were computed by means of the
equation

(\ = VKVIk/Vt

where C2is the critical concentration in moles per
liter. Faand M\ are the initial volume and molarity
of the soap solution, respectively, and Ft is the
sum of the volumes of all solutions present at the
end-point. The last significant digits in column 3
are somewhat uncertain.

Table |

Critical Concentrations of Potassium d-Alkane-
CARBOXYLATES AS DETERMINED BY M eans of Pinacyanole
Critical molarity

Molarity Spectro-
of Visual photometric
Soap pinacyanole method method
Hexanoate 1X 10 1.49 1.0
lleptanoate 5X 10 5 0.780 0.55
Octanoate 5 X I" 401 27"
Nonanoate 5 X 10- 201 21
Decanoate 5X 10- .0998
Undecanoate 5X 10- .0492
Dodecanoate 5 X 10- .0234
Tridecanoate 5 X 10- .0126
Tetradecanoate 5 X 10" .0059

“ From unpublished data by M. L. Corrin University of
Chicago, 1947.

The influence of change in pinacyanole molarity
on the indicated critical concentration is illustrated
in Table Il. In the visual procedure, determina-
tions of the critical concentrations of soaps of longer
chain length than the octanoate were found to he
independent of pinacyanole concentration within

Table 1l

E ffect of Pinacyanole Concentration on the Indicated
Critical Concentration
Critical molarity

Molarity Spectro-
of Visual photometric
Soap pinacyanole method method
Potassium hexanoate 5 X 10*5 1.22
Potassium hexanoate 1 X 10-' 1.49
Potassium hexanoate 2 X 10- 1.48
Potassium heptanoate 1 X 10- 0.45
Potassium heptanoate 2.5 X 10 5 0.670
Potassium heptanoate 5 X 10-5 .780 0.55
Potassium heptanoate 1 X 10-' .780
Potassium octanoate 1 X 10— .340
Potassium octanoate 2.5 X 10- .388
Potassium octanoate 5 X 10- 401
Potassium octanoate 1 X 10-' 402
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the range employed. Corrin, Klovens and Har-
kinsZ report a slight influence of pinacyanole
concentration in their speetrophotometric deter-
minations of the critical concentrations of potas-
sium dodec.anoate and sodium hexadecyl sulfate.
The optical densities for pinacyanole chloride in
the presence of potassium hexanoate, heptanoate
and nonanoate at varying concentrations of soap,
hoth above and below the critical levels as deter-
mined visually, are given in Tables I, 1V, V and
VI. The underline molarit?; in each table is the
maximum concentration at which a red component
in the color of the solution was observed visually
in white fluorescent light. The data are shown
graphically in Fi%s. 1, 2, 3 and 5. Figure 4 is
taken from unfu lished work of M. L. Corrin.Z
These curves for the shoner-chain soaps fail to
exhibit the rapid change in slope at the critical
concentration that has heen observed by Corrin,
Klevens and Harkins2 for the dodecanoate and
tetradecanoate. Furthermore, the mid-point of
the rapid drop or rise (Figs. 1-5) does not occur at
the same concentration as the critical value estab-
lished by visual means. This discrepancy has not
been encountered with soaps of longer chain length.

Table_“
IN 1 X 10 4

W ave Lengths

Absorption by Potassium[ Hexanoate
M Pinacyanole Chloride at Average

of Band Maxima

Molarity 90 /rii/ffjl t Iogelf /irl'n/ta t Il.?o;o:r:aat
0.600 0.153 (M)a 0.212 (M) 0.285 (M;
0.800 .167 (M) .315 (M) 448 (M)
1.00f) .155 .643 (M) 913 (M)
1.200 .062 721 (M) 1.252 (M)
1-300 .051 717 (M) 1.347 (M)
1.400 .047 715 (M) 1.415 (M)
1.450 .044 713 (M) 1,448 (M)
1 a@ .042 .706 (M) 1.451 (M)
1.751 .040 .698 (M) 1.512 (M]j
1.979 .037 .692 (M) 1.535 (M)

° (M) signifies occurrence of a maximum at or near the
indicated wave length.
Tabte IV

Absorption by Potassium Heptanoate in 1 X 10-547
Pinacyanole Chloride at Average W ave Lengths of

Band Maxima

Molarity IO%Q(T)O/nlvf t I05g6|1°/r'ipaI Igg‘lr{nhga

0.200 0.273 (M f 0.420 (M) 0.603 (M)
.300 .278 400 (M) .676 (M)
400 .250 478 (M) .825 (M,
501 .068 .678 (M) 1.258 (M)
.601 .057 706 (M i 1.452 (M1
.700 .055 .703 (M) 1.525 (M1
.760 .054 .683 (M) 1.527 (M)
.780 .053 .682 (M) 1532 (M)
.801 .052 .678 (M) 1.541 (M)
.899 .051 .663 (M) 1.520 (M)

1.001 .048 .598 (M) 1.368 (M)

° (M) denotes existence of a maximum at or near the in-
dicated wave length.

The interpretation of these graphs becomes
increasingly more difficult with decrease in the
chain length of the soap. If the molarity of soap
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Tabte V

Absorption by Potassium Heptanoate in 5 X 10-547
Pinacyanole Chloride at Average W ave Lengths of

Band Maxima

log Tos1 at log 1d/1 at log 1d/1 at

Molarity 490 mg 561 in/* 604 mix
0.300 0.104 0.loo (My*  0.123 (M)
401 .096 .098 (M) .145 (M)
.500 .090 .210 (M) .320 (M)
601 .055 - .347 (M) 590 (M)
701 026 372 (M) 738 (M)
.760 .025 373 (M), 779 (M)
781 024 370 (M) 786 (M)
.801 021 .364 (M) .786 (M)
899 021 361 (M) .802 (M)

“ (M) denokts occurrence of a maximum at or near the
indicated wave length.

Tabte VI

Absorption by Potassium Nonanoate in 5 X 10-5 M

Pinacyanole Chloride at Average Wave Lengths of
Band Maxima

log 1d/1 at

log TasT at lug 1071 at

Molarity 490 mp. 561 m/t 604 mg

0.0539 0.309 (M)"  0.238 0.240 (M)
0764 .338 (M) .210 .220 (M)
104 490 (M) 215 .215 (M)
113 430 (M) 220 227 (M)
142 .398 (M) 234 .255 (M)
1169 361 (M) 219 (M) .256 (M)
.200 351 (M) .303 (M) 417 (M)
215 204 537 (M) .995 (M)
230 072 615 (M) 1.264 (M)
298 031 .658 (M) 1.482 (M)

“ (M) denotiis occurrence of a maximum at or near the
indicated wave length.

at which the most raﬁid change in light absorption
occurs is taken as the critical concentration, the
values recorded in Tables | and 11 mai/1 be selected.

Soaps of shorter chain length than the hexanoate
were not included in this study. Micellization of
sodium pentanoate has been reported by Hess,
Philippoff and Iviessig,ZL on the basis of X-ray
evidence, to occur at 2.24 to 2.35 molar. Bunbury
and Martin,Zfrom observation of washing power,
density, and conductivity, concluded that micelliza-
tion was not exhibited by the alkanecarboxylatcs
helow the hexanoate. Davies and Bury3came to
the same conclusion from density measurements.
The visual method with pinacyanole ceases to be
applicable with the pentanoate.

Discussion

From Figs. 1-5 it is seen that the intensity of
absorption at or near 604 mg continues to increase
with increasing molarity of soap after the optical
densities at the shorter wave lengths have come to
essentially constant values. It may be inferred
from this that the human ege is sufficiently sensitive
to light in the region of 604 mg to see a red com-
ponentin the dye-soap solution until the absorption
of this wave length has reached nearly its maximum
intensity. Until such time as the theory of micelli-
zation has beenmore completely and unequivocally

(28) 1. M. Bunbury and H. E. Martin, J. Chein. tioc., 105, 417
(1914).
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worked out, it will be difficult to reconcile the
SEectrophot_ometrlc and visual findings for the
shorter-chain soaps.

It has been found that the critical concentrations
of the homologous alkanecarhoxvlates, as obtained
by the visual method with pinacyanole (Table 1),
fit the empirical equation

logcv = a+ bN (2)

in which N is the number of carbon atoms in the
alkyl. This relationship is shown in Fig. 6. The

Fig. 6.—Variation of the critical concentration of the n-
alkane-carboxylates with chain length.

linearity of log  with N had been noted previously
for several homologous series of electrolytes b
Stauff,® by Hartley,d by Hess, Philippoff
and Kiessig,2 and by Scott and Tartar.4 Com-
putation by the method of least squares of the
parameters in equation (2) from the visually deter-
mined critical molarities gives the following specific
equation for the potassium w-alkanecarboxylates

logC, = 1.70 - 0301 N ©)

In ahomologous group of long-chain electrolytes,
provided the chain lengths are sufficiently great,
the work done against the coulomb forces can be
taken as independent of chain length. The work
Performed by a number of chains in the transition
rom a free to an associated state, however, clearly
increases IinearIK with the number of methylene
groups in each chain. Debye8has shown that this
work is a logarithmic function of C,, and it follows
that Ar should be a logarithmic function of C,.
The coefficient of N in equation (2) has been shown

(29) 1. stauff, X. luusik. Chern.,, A183, >3 (1938).
(30) G. 8. Hartley, Kolloid Z., 88, 22 (1030).
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by Debye to be the energy change ﬁer (TL> group
divided by 2.303(3JcT), k being the Boltzmann
constant and T the absolute temperature. Com-
bination of this relationship with equation (3)
gives the energy equivalent of a single methylene
group as equal to (2.303 X 0.301 X 3kT), or 2.08
kT. On a gram mole basis at 25°, this hecomes
1230 cal./mole. This value is 4.2% higher than
the increase of 1180 cal./mole for each additional
CH2group in the experimental heats of vaporiza-
tion of normal alkanes.3 The difference may be
laid to the decrease in the quasi-interfacial energy
that accompanies micellization, provided that
vaFo_rization and the separation of long chains in
solutions are associated with identical energy
changes. Corrin® arrives at equation (2) from
concepts based entirely on the law of mass action
and attempts to evaluate the constants from con-
siderations of the free energy changes that accom-
pany micellization.

In Fig. 6, all critical molarities by the visual
method fall closely on the straight line defined by
equation (3). Corresponding values by the spec-
tr.thotometric procedure for the six, seven and
eight carbon homologs clearly fall below this
straight line. Deviations from the linear relation-
ship between log % and the number of carbon
atoms have heen found for the short-chain members
of homologous (?roups by several earlier investiga-
tors. Scottand Tartar,24for example, by means of
measurements of equivalent conductivity and
density, found the linear relationship to hold from
decyl- to hexadecyltrimethylammonium bromide.
The value of log CMfor the octyl homolog, however,
was observed to fall below the extrapolated line.
For the alkanesulfonic acids, the same authors
report a linear relationship from eleven to fourteen
carbon atoms but find that the value for the
In_ine carbon homolog falls below the extrapolated
ine.

A partial explanation of the adherence of the
soaps of shorter chain length to the linear relation-
ship between log  and N found in the presently
described visual investigation may be drawn from
the spectrophotometric findings as represented in
Figs. 1to 5 The curves show that for alkane-
carboxylates of fewer than nine carbon atoms, not
only do the changes in the optical densities in the
regions of the three band maxima occur over wide
ranges of concentration, but the intensity of ab-
sorption at 604 my continues to rise with increase
in molarity of soap even beyond the critical concen-
tration as established by visual means. In the
light of these observations, the critical concentra-
tions for the six, seven and eight carbon soaps
obtained by the visual method and shown in Table
| appear to represent upper limits.

Changes with time were noted in the color of
freshly prepared solutions of the short-chain soaps
and pinacyanole, hoth visually and spectrophoto-
metrically. The rate of change decreased with
shortening of the carbon chain. When a 2.25
molar solution of potassium hexanoate with pina-

(31) U. 8. Bureau of Standards, American Petroleum Institute Re-

search Project No. 44.
(32) M. L. corrin, J. Colloid tin., 3, 333 (1948).
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cyanole was first prepared, it was distinctly reddish-
violet. On standing, the color became blue, and
the change appeared complete in about 20 minutes.
With a solution of the heptanoate of above the
critical concentration, the change to blue seemed
complete in about 10 minutes. Spectrophoto-
metrically, it is found that at 490 mu the intensity
of absorption decreases with time, whereas at 561
and 604 mu the optical densities increase with
time. This time effect is very pronounced with the
six and seven carbon soaps. The wide scattering
of points at 490 my in Fig. 5 below the indicated
C, which were determined at from three to 15
minutes after the solutions were made, illustrates

the importance of the time effect. The rate of
change in optical density with time varies with
soap coneentration but in general is significant only
for !/;hour. The readings at 490 mu may decrease
by nearly 509, during that period, and at 561 and
604 my they may increase by as much as 109,
Ultimately, due to the instability of the dye, all
three bands will fade. These observations are not
in disagreement with the view that micelles con-
tinue to form for a considerable time after the long-
chain electrolyte has been dissolved. - The dis-
crepancies between the visual and spectrophoto-
metric results reported herein may in part be
explained by this phenomenon. :

EFFECT OF SALT ON THE CRITICAL CON CENTRATIONS OF POTASSIUM
n-ALKANECARBOXYLATES AS DETERMINED BY THE CHANGE IN COLOR
OF PINACYANOLE!

By Simonx H. HERZFELD

Department of Chemistry, University of Chicago, Chicago 37, Illinois
Received September 25, 1961

It has been shown that for the potassium n-alkanecarboxylates, the critical concentration and also the rate of change of
the critical concentration with increase in the concentration of added potassium chloride, are decreasing functions of the
concentration of the salt. The data are found to fit equation (1) in which C, is the critical molarity and C; the total
volume normality of counterion. The slope of this line 1s found to be essentially independent of chain length. Hobbs?

interprets ¢ as a function of the thermal energy and the work of micelle formation.

Corrin3 reasons that b is the ratio of

the number of counterions to that of long-chain ions in the micelle at the critical concentration, and argues that the ratio
is independent of the concentration of added salt. Both Hobbs and Corrin arrive at equations of the same form as the em-

pirieal equation shown above.

Introduction

Numerous workers*~'* have reported that the
presence of salt increases the tendency of long-
chain electrolytes to micellize. The first system-
atic investigation of salt effect was carried out by
Corrin and Harkins,®® who studied the effects of
various inorganic salts over wide ranges of concen-
tration on both anionic and cationic long-chain
electrolytes. Corrin and Harkins, within the limits
of their experiments, found that these effects were
- independent of the valence and composition of the
ion possessing a charge of the same sign as that of
the aggregating ion. Ions of opposite sign were

(1) This investigation was carried out under the sponsorship of the
Reconstruction Finance Corporation, Office of Rubber Reserve, in
connection with the Government’s synthetic rubber program. 8. H.
Herzfeld, Chemistry Division, Office of Scientific Research, Air Re-
search and Development Command, Baltimore 3, Md.

(2) M. E. Hobbs, This Jour~AL, 55, 675 (1951).

(3) M. L. Corrin, J. Colloid Sci., 3, 333 (1948).

(4) G. 8. Hartley, Trans. Faraday Soc., 30, 444 (1934).

(5) R. C. Murray, ibid., 31, 199 (1935).

(6) G. S. Hartley and D. IF. Runnicles, Proc. Roy. Soc. (London)
A168, 420 (1938).

(7) G. 8. Hartley, J. Chem. Soc., 1968 (1938).

(8) K. A. Wright, A. D. Abbott, V. Sivertz and H. V. Tartar,
J. Am. Chem. Soc., 61, 544 (1939).

(9) H. V. Tartar and R. D, Cadle, Tuis Jour~AL, 43, 1173 (1939)

(10) H. F. Walton, J. Am. Chem. Soc., 68, 1180 (1946).

(11) R. S. Stearns, H. Oppenheimer, E. Simon and W. D. Harkins,
J. Chem. Phys., 15, 496 (1947).

(12) P. Debye, Ann. N. Y. Acad. Sci., 51, 575 (1919).

(138) P. Debye and E. W. Anacker, Turs JourNaAL, 55, 644 (1951).

(14) H. A. Scheraga and J. K. Backus, J. Am. Chem. Soc., 73, 5113
(1951).

(15) M. L. Corrin and W. D. Harkins, ibid., 69, 683 (1947).

restricted to sodium, potassium, chloride and
bromide. The rate of decrease of the eritical
molarity, C,, with increasing normality of added
salt was found to diminish rapidly with rise in salt
concentration. In the cases studied, the data
fitted the equation

log Cp = a + b log C; (1)

in which C; is the total concentration in gram
equivalents per liter of ions opposite in sign to the
long-chain ion. The slope of this line was observed
to vary moderately with the constitution of the
micellizing ion and to remain less than one in all
cases. Merrill and Getty's confirmed the findings
of Corrin and Harkins for the case of sodium dodec-
anoate. '

The present investigation was undertaken to
study the salt effect in a homologous series of long-
chain electrolytes. The findings at lower concen-
trations of salt have been demonstrated to fit equa-
tion (1), and the slope has been shown to remain
constant within the limits of accuracy of the
method.

Experimental Methods

The soap and pinacyanole were of the same lots used in
the work described in the preceding report. The salt, po-
tassium chloride of reagent grade, was dried at 110°.
Measured volumes of soap and salt solutions of known nor-
malities, prepared at 25°, were mixed in varying ratios.
Each mixture was brought by dilution at constant concen-
tration of dye to the critical molarity in the manner em-
ployed in the earlier work. The end-points usually became

(16) R. C. Merrill and R. Getty, TH1s JOURNAL, 52, 774 (1948).



960

Variation of the Critical Concentrations of Potas-
sium r-Alkanecarboxylates

Chiloride at 25° as D etermined by the Change in Color

Simon 11 Herzfeud Vol. 56

with Added Potassium

of Pinacyanole Chloride

Salt Critical

Conen., M Conen.,

Heptanoate in5 X 10 5

d;ze
0 0.780
0.110 728
.340 .691
.633 .633
1.08 .542
1.72 430
2.38 .340
2.80 .280

Heptanoate in
25 X 10-5 M dye

0 0,670
0.066 .662
154 .617
.289 577
407 .543
522 .522
.728 485
1.08 430
1.50 374
1.79 .335
2.00 .307
2.28 .285
2.45 .263
2.64 247
2.76 .230
291 .218

( letamiate in
5 X 10-5M dye

0 0.400
0.075 .376

.309 .309

.530 .265

.865 .216
1.22 175
1.52 .152
2.22 111
2.73 .091
2.97 .085
3.20 .080

Nonanoate in
5 X 10'5M dye

0 0.200
0.037 .187
.087 175
.159 .159
.278 139
461 115
.677 .097
.855 .086
1.29 .064
1.63 .054
1.92 .948
2.11 .042
2.39 .040
2.64 .038

Salt Critical
Conen., M Conen., il
2.88 .036
3.27 .033

Decanoate in
5 X 10~6M dye

0 0.0998
0.0105 .0949
.0229 .0917
.0379 .0885
.0559 .0838
.0787 .0787
.10 .0731
L1651 .0645
227 .0568
311 .0469
.386 .0429

Undecanoate in
5 X 10-6M dye

0 0.0492
0.0048 .0478
.0144 .0456
.0187 .0437
.0273 .0409
.0386 .0386
.0534 .0356
.0764 .0327
.103 .0294
133 .0266
.169 .0242
.216 .0216
.287 .0191
403 .0161
.506 = .0145
.642 .0128
.830 .0111
1.01 .0101
1.18 .0094
135 .0090
1.52 .0087
1.70 .0085
2.01 .0081
2.22 .0074

Tridecanoate in
5 X 10 5Mi dye

0 0.0126

0.00131 .0121
.00291 .0116
.00478 .0112
.00706 .0106
.00929 .00929
.0134 .00892
.0156 .00842
.0187 .00800
.0251 .00717
.0276 .00690
.0327 .00654
.0411 .00587
.0529 .00529

salt (ritical Salt Critical
Concn.,4/ Concn., il/ Concn., M Concn.,
.0616 .00492 .194 .00277
.0913 .00406 210 .00262
116 .00357 241 .00253
.144 .00319 .268 .00238
.169 .00294 .312 .00227

sharper with increasing concentration of salt. Computa-
tion of CV again was made by means of
(V = FaMa/Vt 2)

in which pa and v a arc. tho initial volume and molarity of
the soap solution, and PT the sum of the volumes of all
solutions added up to the end point. Calculation of the
concentration of salt, Cs, at the end-point was made in a
like manner.

Results

The variation of critical concentration with
added potassium chloride has been determined for
six potassium soaps: heptanoate, oetanoate, no-
nanoate, decanoate, undecanoate and tridecanoate.
The measurements for the dodeeanoate made by
Corrin and HarkinsBwere not repeated. The new
data arc recorded in Table I. The values for the
first four soaps are plotted in Fig. 1, which shows
that the initial effect of added salt increases with
lengthening of the carbon chain. Figures 2 and 3
illustrate in greater detail the very raﬁid initial
drop of Cj, as a function of Cs that Is exhibited by
the eleven and thirteen carbon soaps. In all cases
studied, the absolute value of dCMdCg was found
to be a decreasing function of Cs- Most of the
decrease in CMoccurs before Cs reaches 25 CM
It is significantT that with added alcohol, either in
the absence of salt or in the Fresence of a constant
concentration of salt, the value of dCMdCa, where
Cais the molarity of added alcohol, is a linear func-
tion of Caand is independent of Cs.

Plots of log CMas a function of log Ci are shown in
Figs. 4 to 10. It is seen that the relationship is
linear for all soaps at relatively low normalities of
counterion. Departure from linearity was demon-
strated for five of the systems, which were studied
to relatively high concentrations of added salt.
The parameters of equation (1) were computed for
the linear portions of the plots from the data in
Table | by the method of least squares. The
results are collected in Table Il, together with
values for the dodeeanoate obtained by Corrin and
Harkins.® The maximum ratio of equivalents of

Tabre Il

Values of Parameters in log Gm = a + D 1og Gi for

Potassium r-Alkanecarboxylates

Number Molarity of

ofactzrrnhson plnicyfon*ole a b
7 5 -0.160 —0.565
7 2.5 - 270 - .568
8 5 - .641 - 621
9 5 -1.058 - 532
10 5 -1.561 - 562
n 5 -1.990 - b2l
12 5 -2.617 - 570"
13 5 -2.937 - .538

° From dala of Corrin and Harkins.b

(17) 8. H. Herzfeld, M, L. Corrin and W. D. Harkins, ThisJournal
54, 271 (1950).
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Concentration of potassium chloride (g. equiv./l.).

Fig. 1—Plots of the critical concentrations of four potas-
sium a-alkanecarhoxylates showing the relative effect of
added salt at 25°,in 5 X 10~5molar pinacyanole.

Concentration of potassium chloride (g. equiv./1.).

Fig. 2—Variation of the critical concentration of potas-
sium undocanoate with added salt at 25° in 5 X 10“5molar
pinacyanole.

suit to equivalent weights of soap that falls on a
sti'aight line rises from about 4 for the heptanoate
to more than 140 for the trideeanoate. The actual
maximum salt concentration, however, drops from
1.7 to 0.3 normal. The cause for the departure
from linearity is not known to the writer. It is
possible that linearity ceases when coalescence of
micelles into microcrystals begins.

It is significant that the values of a show a defi-
nite trend with increase in chain length, whereas b
appears to be essentiallr independent of the carbon
content in the homologous series investigated.
The arithmetic mean of 6 for the seven soaps is
- 0560 £ 0.022. The variations in the slope of
the straight line from the mean value show no
trend and are compatible with the limits of accuracy

Concentration of potassium chloride (g. equiv./L.).

Fig. 3.—Variation of the critical concentration of potas-
sium trideeanoate with added salt at 25° in 5 X 10~5molar
pinacyanole.

of the titrimetric method applied to different
members of a homologous series. The determina-
tions with a single soap exhibit much smaller devia-
tions from the test straight line.

Logic cation concentration (g. equiv./l.).
Fig. 4.—Linear logarithmic relation between critical con-
centration of potassium heptanoate and total counterion
concentration at 25° in 5 X 10~5molar pinacyanole.

Logic cation concentration (g. equiv./l.).

Fig. 5.—Linear logarithmic relation between critical con-
centration of potassium heptanoate and total counterion
concentration at 25° in 25 X 10~-5molar pinacyanole.

Discussion

All measurements of equivalent conductivity
have show n that ionic compounds containing large
water-insoluble organic groups behave as typical
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Logio cation concentration (g. equiv./l.).

Fig. 6.—Linear logarithmic relation between critical con-
centration of potassium octa.noate and total counterion
concentration at 25° in 5 X 10-5 molar pinaeyanole.

-0.7 -0.4 -0.1 +0.2
Login cation concentration (g. equiv./l.).

Fig. 7.—Linear logarithmic relation between critical con-
centration of potassium nonanoate and total counterion con-
centration at 25° in 5 X 10~5molar pinaeyanole.

+0.5

Login cation concentration (g. equiv./L.).

Fig. 8—Linear logarithmic relation between critical con-
centration of potassium decanoate and total counterion con-
centration at 25° in 5 X 10~5molar pinaeyanole.

strong electrolytes at concentrations below their
respective critical values. In dilute solutions of
strong electrolytes, when the interionic potential
energy is small in comparison to the average thermal
energy, the repulsion between ions of like sign rises
with increase in the magnitude of the charge in the
manner prescribed by the principle of ionic strength
and the more inclusive Debye-Hiickel theory.
With the onset of aggregation in solutions of long-
chain electrolytes, the charge on one ion undergoes a
manifold increase; and the interionic potential

Simon IL Herzfeld

Vol. 56

Logio cation concentration (g. equiv./l.).

Fig. 9—Linear logarithmic relation between critical con-
centration of potassium undeeanoate and total counterion
concentration at 25° in 5 X 10~5molar pinaeyanole.

Logic cation concentration (g. equiv./l.).

Fig. 10.—Linear logarithmic relation between critical con-
centration of potassium trieecanoate and total counterion
concentration at 25° in 5 X 10~5molar pinaeyanole.

energy is no longer much less than the average
thermal energy. Furthermore, the large potential
thus established on the surface of a micelle repulses
added salt ions of like sign so strongly that the
concentration of the latter on the surface of the
micelle becomes insignificant. DebyeB has com-
puted that this concentration is no more than 3 X
10~4of that in the bulk of the solution. The mag-
nitude of the charge on unaggregated ions of the
same sign as the micelles acquires much less signifi-
cance than before aggregation, therefore; and the
influence of added salt is governed by the sum total
of ionic charges rather than by the quantity of
charge on individual ions bearing the same sign
as the micelles.

The composition or valence of salt ions of unlike
sign of charge to that of the long-chain ion, how-
ever, may have a profound effect on the stability of
the micelle. It has been demonstrated by Lotter-
moser and Pusc-hel® and by Samis and Hartley-0
that the tendency of negative long-chain ions to
mieellize rises markedly with increase in the valence,
of the counterion. With positive long-chain ions,
Samis and Hartley were able to find only insignifi-
cant variations in the critical concentration with
change in the valence and composition of the coun-

(18) P. Debye, T his Journaut, 53, 1 (1949).

(19) A. Lotterrnoser and F. Pusehel, Kolloid z., 63, 175 (1933).

(20) C. S. Samis and G. S. Hartley, Trans. Faraday Sac.. 34, 1305
(1938).
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terion. Recent work by Kraus and co-workers,212
however, has demonstrated for several quaternary
ammonium and pvridinium salts a very marked
effect of the constitution of the counterion upon the
critical concentration. In a group of five n-octa-
decyltrimethylammonium salts, four of which were
of the uni-univalent type, the critical concentration
varied more than fourfold, with' the lowest value
being exhibited by the oxalate. On the basis of
available data, therefore, no correlation can be
drawn between the critical concentration of a
cationic long-chain electrolyte and the valence of
the anion associated with it. Possibly the in-
fluence of valence exists but is masked by a stronger
force.

The parameter a in equation (1) has been given a
meaning recently by Hobbs,2 who adopts the view
that the micelle is a double layer of long-chain
molecules of approximately cylindrical symmetry,
with the polar groups oriented in the flat surfaces
of the disk-shaped structure. Hobbs deduces that
a Is a function of both the energy of micelle forma-
tion and the thermal energy of the solute. He
supports the view of DebyeBthat the effect of salt
on the critical concentration is associated with an

(21) E. C. Xvers and O. A. Kraus, J. Am. 3049

(1948).
(22) P. F. Grieger and O. A. Kraus, ibi-L, 70, 3803 (1948).

Ccftem. Soc., 70,
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increase in the number of molecules per micelle.

The slope of the line given by equation (1) has
been interpreted by Corrin3to represent the ratio
of the number of attached counterions to the num-
ber of long-chain ions in the micelle at the critical
concentration. Corrin makes no assumption re-
garding the shape of the micelle, and treats the
effect of added salt on CMby a direct application of
the mass law to the equilibrium between the un-
associated long-chain ions and counterions, and the
aggregates. Corrin argues that the micelle content
is unchanged by the addition of salt and shows that
the value of b should be independent of the con-
centration of counterion, of the valences of the
two kinds of ions composing the micelle, and, in the
case of ahomologous series of long-chain electrolytes,
of the chain-length. The first and third of these
statements are not in disagreement with the findings
of the present report. The other remains to be
tested.

Acknowledgment—The kindly guidance and
inspiration given the anchor during this and the
previous investigation by the late Professor William
Draper Harkins are recognized gratefully. The
pursuance of the work was facilitated greatly also
by the constructive criticisms freely offered by Dr.
M. L. Corrin.
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The foaming properties of non-ionic- surface active agents vary markedly with the temperature of the test and with the
solubility of the surfactants as characterized by their cloud points. The principal effect of temperature is that, of altering

the solubilities.  An attenmpt X
cunes fromanalysis of their foaming behavior.

Non-ionic surface active agents have become
widely available only within the past decade.
Because of their comparatively recent origin, the
literature contains relatively few accounts of their
properties, in contrast to the voluminous investiga-
tions reported for soap and synthetic ionic surface
active compounds.

The reaction of ethylene oxide with an alcohol
or phenol is capable of producing a spectrum of
non-ionic surface active materials. For a given
alcohol or phenol, the hydrophilic nature is in-
creased as the polyoxyethylene chain is lengthened;
and for a specific polyoxyethylene chain the hydro-
phobic nature increases with the length of the
hydrocarbon base.

In view of a lack of published reports on the
subject, the foaming of aqueous solutions of several
materials of this type has been examined. The
compounds studied in greatest detail were those
obtained from reaction of p-f-octylphenol with
ethylene oxide. The prototype molecule may be
represented by the symbol OPE.,, where x repre-
sents the average number of moles of ethylene
oxide. The foam of homologous compounds con-

has been mede to deduce infonmation concemiing the shapes of their ethylene oxide distribution

taining longer aliphatic chain substituents on the
aromatic nucleus was also examined briefly.

In view of the nature of the reaction of ethylene
oxide with the various organic groups, the molec-
ular weight must be regarded only as a number
average. Presumably the molecular weight dis-
tribution could be calculated by the method of
Flory.1

As opposed to colloidal electrolytes, for which
the solubility in water increases with increasing
temperature, these ethylene oxide polymers are
insolubilized as the temperature is raised, presum-
ably as the result of loss of water associated with the
hydrophilic ether linkages in the chain. Upon
heating, a dilute aqueous solution becomes turbid
at a definite temperature known as the cloud point.
The cloud point is substantially constant for solu-
tions of 0.5 to 10% concentration,2 and measure-
ments are customarily conducted on 1% solutions.
Compounds of the OPEX series in which x is Gor
less are very hydrophobic, and since they are in-

ti)y . J. Flory, 3. Am. Clcm. Par.. 62, 1501 (19-10).

(2) J. M. 30th Mid-Year Meeting,
Chemical Specialties Manufacturing Association.

Cross, Official Proceedings,
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soluble in water at all temperatures, they do not
have a measurable cloud point. As z is varied
between 7 and 15 the cloud point ranges from room
temperature to 100°, and where z is greater than
15 the compounds are so hydrophilic that their
aqueous solutions remain clear even at the boiling
temperature. Where it can be measured, the
cloud point may be used as an index of the balance
of the hydrophilic and hydrophobic properties in
these non-ionics.

The importance of the concept of the cloud
point in connection with selection of materials with
optimum wetting and detergency has been dis-
cussed by Cross.?

Cohen? has studied the effect of the hydrocarbon
chain length on solubility for a series of ethylene
oxide adducts of aliphatic alcohols. He has
shown that butanol requires addition of 0.8 mole
of ethylene oxide to form a water soluble product,
and for each succeedingly higher alcohol, an addi-
tional mole of ethylene oxide is needed to maintain
water solubility. Apparently the hydrophilic char-
acter of an ethylene oxide group is just enough to
balance the hydrophobic character of an -addi-
tional —~CHjy- group in the hydrocarbon chain.

A number of studies have indicated that ron-
ionic surface active agents are effective solu-
bilizers.#®* These materials are of limited efficiency
in dispersing and suspending solid particles.5—

Apparatus.—The foaming propertics of the non-ionics
were examined in the Ross and Miles Pour Apparatus.!
The procedurc involves release of a fixed volume of deter-
gent solution from a pipet set at a given height above a lesser
amount of the solution contained in a thermostatic gradu-
ated cylinder and measurement of the volume of the foam
thus produced. Results are expressed as foam heights in a
cylinder of uniform diameter. Since this test is simple
and rapid, and the results arc very reproducible, it is
currently under consideration as an A.S.T.M. standard.
It permits examination of foam and foam stability at any
desired temperature and is limited only by the temperature
range of the circulating medium.

Foam of OPE, Series.—Figure 1 shows the foam
heights obtained with 19 solutions of members of
the OPL, series when examined at 120°F., (49°) the
standard temperature of the Ross and Miles test.
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Fig. 1.—Foam as a function of composition at 49°.

. (3) M. Cohen, Compt. rend., 226, 1366 (1948).
(4) A. A: Green and J. W. McBain, This Journar, 61, 286 (1947).
(5) R. C. Merrill, ibid., 64, 482 (1950).
(6) R. C. Merrill and R. Getty, 1.l;i(1., 54, 489 (1950).
(7) L. Greiner and R. D. Vold, ibid., 53, 67 (1949).
(8) T. M. Doscher, ibid., 53, 1362 (1949).
(9) R. D, Vold and C. C. Koneeny, ibid., 63, 1262 (1949).
(10) J. Ross and G: D. Miles, Oil & Soap, 18, 99 (1941).
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The lower analogs produced very little foam at this
temperature; whereas the higher analogs, contain-
ing more than 8 moles of ethylene oxide, produced
appreciable foam. Moreover, among the latter,
foam did not seem to vary much with ethylene
oxide content.

This abrupt transition in foam height was also
noted at lower concentrations although the foam
produced by the higher analogs was slightly less.

Correlation of Foam with Cloud Point.—Figure 2
shows that the unusually abrupt transition in foam
properties observed for members of the OPE, series
was also noted when the foam of similar non-ionics
was examined. Analogs of the OPE, series con-

“taining 9 and 12 branched chain carbon atoms (z.e.,

t-CyPLi, and -C,PE,) showed a similar behavior
as did also the series of non-ionics based upon lauryl
alcohol (n-CE,).
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ETHYLENE OXIDE CONTENT IN MOLES.
Fig. 2.—Foam as a function of composition at 49°.

The cloud point of each compound is noted
adjacent to the bar representing its foam height.
Examination of these temperatures, and com-
parison with the temperature of the test, reveals
that compounds with ecloud points below the
temperature of the test produced little or no foam;
compounds with cloud points above it produced
appreciable foam. Moreover in the case of one
compound, #CpPEy, whose cloud point almost
coincided with the temperature of the test, an
intermediate amount of foam was produced.

Foam as a Function of Temperature.—Since the
temperature of the test appeared to be an important
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Fig. 3.—Foam as a function of temperature.
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criterion which determined the amount of foam
produced, the foaming properties of several mem-
bers of a series were examined as a function of
temperature.

As shown in Fig. 3, at temperatures below its
cloud point, the foam height produced by OPES8
was fairly constant and fairly high. However,
at the cloud point (indicated by the arrow) the
non-ionic started to precipitate out of solution
and, as its solubility decreased with increasing
temperature, the foam height decreased to less than
one-tenth of the original value.

Since the Ross and Miles is essentially a “static”
foam test, the above observations were checked by
a “dynamic” method in which the solutions were
stirred vigorously in a high speed mixer. This be-
havior was also obtained with other types of non-
ionics.  In general, at temperatures below the cloud
point, foam of non-ionics may be appreciable;
however, at temperatures aboie the cloud point, it is
reduced markedly, often by a iaetor of 10.

Of theoretical interest is the fact that foam
volume seems to be more dependent on the actual
amount of surface active agent in solution rather
than on its surface activity. Other work in this
Laboratory has shown that the surface activity of
aqueous solutions decreases with increased ethylene
oxide content. For example, at 25° surface tension
values rise from 29 dynes/cm. for a 1% dispersion
of OPE5to 42 for a 1% solution of OPEA These
values change little with temperature in the range
25 to 75°.

Thus the materials which arc least soluble have
the greatest surface activity and are poorest in
foam. However, it may be that a high concentra-
tion in solution is required in order to have an ade-
quate amount of surfactant available for adsorption
over the tremendous surface produced by the
foam bubbles.

The data in Table | show that surface and inter-
facial activities do not change appreciably with
temperature and show no abrupt transition even
above the cloud point. Presumably, above the
cloud point, molecules of the non-ionic are still
present in an amount sufficient to adsorb at the
surface of limited area used with the duNouy
Tensiometer and depress the surface tension.
This amount is quite inadequate over the much
larger surface of a foam.

T abte |

Surface and Interfacial Activities as a Function of

Temperature OPE.,., (('i.oini Pt.67°)

Surface tension Intel f:ulal t mnsinn”
onen., % 25° ">0° 75° ° i 75°

1.0 304 293 281 1.2 13 5.2
0.3 30.2 29.0 281 2.0
1 30.0 287 279 2.5
.03 29.7 287 2738 4.2
01 311 295 298 9.9 97 115
.003 394 357 352 172
.001 46.2 446 429 215

Against mineral oil.

If OPE8 were monodisperse, we anticipate that
all of the sample would precipitate out of solution
at the cloud point and foam would drop sharply to a
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low value. However, as has already been pointed
out, these ethylene oxide adducts are polydisperse
and contain many molecules which have less than,
or more than, 8 ethylene oxide units per octylphe-
1101 group. If these concepts are correct, a measure
of the ethylene oxide distribution for a given non-
ionic can be deduced from the shape of its foam
curve in the region of the cloud point.

If a rectangle is drawn with sides formed by the
ordinate through the cloud point, and the abscissa
through the point of minimum foam, the percentage
area of this rectangle below the foam curve is a
measure of the degree ot molecular weight disper-
sion of the non-ionic. Compounds which tend to be
monodisperse should have foam curves of steep
slope with minimum area below the curve; com-
pounds which tend to be polydisperse will have less
steep curves and appreciable area below them.

For OPEs, the percentage area below the curve
was 22.4%. For another member of the series,
OPEQ97, the area was 26.7% (Fig. 4).

TEMPERATURE in
Fig. 4.— Foam as a function of temperature.

Where the polydisperse character of OPE97 was
artificially extended by addition of 10% of the low-
est analog, OPE], the area below the foam curve in-
creased to 29.0% of the reference rectangle (Fig. 5).

Fig. 5.— Foam as a function of temperature.

OPEs.7 must contain a fairly large proportion of
the lower analogs since, as shown by Fig. 6, addition
of as much as 35% of OPE5did not alter the foam-
temperature behavior of OPEa7 as much as might
have been expected. However, it must be noted
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Hg. 6—Foam as a function of tenperature.

in this as well as in the preceding graph, that the
addition of lower analogs caused an appreciable re-
duction in the amount of foam obtainable even at
temperatures below the cloud point. Mutual solu-
bilization of the various species doubtless compli-
cates any interpretation.

Mantel X. Fixkmax, Geokgk L. Bhowx ana Koiikkt J. Mykks
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These curves represent the shapes of the ethylene
oxide distribution curves if the following assump-
tions hold true: (1) The cloud point depends lin-
early upon the ethylene oxide content. (2) The
foam of each monodisperse species drops sharply
to the minimum value with an infinitesimal temper-
ature increase above its cloud point.

Since these curves are derived from analysis of
foaming properties which in turn are a function of
solubility, and the latter, in turn, is a function of
ethylene oxide distribution, it is apparent that the
curves have been obtained by a very devious pro-
cedure and are, therefore, subject to error. Con-
sequently they should be interpreted with reserva-
tion. It may be possible to obtain much more ac-
curate ethylene oxide distribution curves by frac-
tionation of these compounds, or by examination of
changes in turbidity as a function of temperature.
Thus far, efforts at resolving these mixtures have
proved unsuccessful. Mutual solubilization effects
make solvent fractionations unattractive, and the
low volatility makes fractional distillation difficult.

Acknowledgment.—The assistance of Mr. J. P.

Fig. 7—Ethylene oxide distribution curves.

Plotting increments of foam for a fixed increment
of temperature, against temperature, the four pre-
ceding graphs may be redrawn as shown in Fig. 7.

Scullin, who made the surface and interfacial ten-
sion measurements reported here, is gratefully
acknowledged.
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The reactions of ethyl radicals are reviewed with special emphasis on combination and disproportionation.
that existing data are compatible with activation energies of about zero for both reactions.

It is concluded
Hydrogen abstraction by ethyl

radicals is also reviewed, with the conclusion that the frequency factors of these reactions are similar to those for methyl

radicals.

Introduction

Recently quantitative data have been forth-
coming on the reactions of methyl radicals, espe-
cially on the combination of methyls34and on hy-
drogen-abstraction reactions of the type6-12

CH3+ RH = CH4+ R

The reactions of ethyl radicals are in a much more
uncertain state. This is due to two causes, the
difficulty of finding a satisfactory source of ethyl
radicals, and the greater complexity of their re-
actions even at low temperatures. With methyl
radicals the only important types of reaction are
hydrogen-abstraction and combination. With
ethyl radicals decomposition and disproportionation
occur as well.  In the present paper it is proposed
to review the information in the literature on these
reactions, as well as certain new work which seems
to lead to a more quantitative picture of the
elementary reactions of ethyl radicals.

. Disproportionation and Combination

Introduction.—When two identical radicals inter-
act and disappear from a system with the formation
of stable products two main types of reaction are
possible, which for the ethyl radical may be repre-
sented by the equations

2CH5= CH4 - CTlo disproportionation (1)

2CHS = CjHio
The relative ease of occurrence of the two processes
seems to vary from radical to radical, and the
evidence on the behavior of some of the more com-
plex radicals has recently been collected by Melville
and Valentine.l3 Reaction (1) is of the general
hydrogen-abstraction type, and might therefore by
analogy be expected to have an activation energy
of 5-8 kcal. However, because of the formation

(1) National Research Council of Canada Postdoctoratc Fellow,
1948- 1950.

(2) National Research Council of Canada Postdoctorate Fellow,
1949- 1951.

(3) R. Corner. J. Chem. Phys., 18, 998 (1950).

(4) D. M. Miller and E. W. R. Steacie, ibid., 19, 73 (1951).

(5) A. F. Trotman-Dickenson and E. w. R.
55, 908 (1951).

(6) A. F. Trotman-Dickenson and E. W. R. Steacie, J. Chem. Phys.,
18, 1097 (1950).

(7) A. F. Trotman-Dickenson and E. \Y. R. Steacie, ibid., 19, 163
(1951).

(8) A. F. Trotman-Dickenson and E. W. R. Steacie. ibid., 19, 169
(1951).

(9) A. F. Trotman-Dickenson and E. \Y. R. Steacie. ibid., 19, 329
(1951).

(10) L.

(11) R.
(1949) .

(12) R.

(13) H.
(1950) .

combination (2)

Steacie, T his Journa 1,

M. Dorfman and W. A. Noyes, Jr., ibid., 16, 557 (1948).
Corner and W. A. Noyes, Jr., J. Am. Chem. Soc., 71, 3390

Comer and W. A. Noyes, Jr., ibid., 72, 101 (1950).
W. Melville and L. Valentine, Trans. Faraday Sec., 46, 210

The decomposition of the ethyl radical is also discussed.

of the double bond in CH4in the process it is far
more exothermic than the usual reaction of the
type

CHa+ RH = CUR + R
where R is an alkyl radical. It is, therefore, quite
possible that reaction (1) may have a very low
activation energy.

Review of Earlier Work.—There has been a con-
siderable divergence of opinion in the past over the
prevalence of disproportionation. Original esti-
mates of the relative importance of reactions (1)
and (2) were made merely by the examination of the
products of reactions in which ethyl radicals were
supposed to participate, and the assumption that

Rato of formation of CHiqg _ __Aexrbintion
Y 2late ol foi mation of (CH4-| (flky  “disproportioration

Summaries of experiments which have been
interpreted on this basis have been made by Moore
and Taylor¥4 and by Semerano, Riccoboni and
Callegari.b

It is apparent from these reviews that there are
large discrepancies in the relative amounts of C4
and C2 hydrocarbon produced in the reactions.
It is, however, obvious and has been emphasized
by Moore and Taylor, that a mere analysis of the
products does not give a reliable estimate of the
relative rates of the combination and dispropor-
tionation reactions. Especially in cases where the
ethane produced is not equal to the ethylene it is
evident that complicating processes are occurring.
In particular account must be taken of processes of
the type of reaction (3)

Calls + (CH5X = C.He + AIR-X-CM, (3)

The fact that ethane and ethylene are not always
formed in equal amounts may be due to various
complications, including: (i) Reaction (3) followed
by a process in which the radical CH4X 0 H5
disappears without forming ethylene; (ii) CY%5
+ CH4= CH9 etc.

It is evident that no real information about the
ratio ki/k> can be obtained without a thorough
investigation which establishes the mechanism
of the particular reaction with reasonable certainty.

We Auli, therefore, confine our discussion to
reactions in the gas phase, which in all probability
involve ethyl radicals, and in which a reasonable
correction may be made for the reactions of ethyl
radicals with molecules other than themselves, or
for subsequent reactions o: the products of the dis-
proportionation and combination reactions. These
provisos immediately eliminate from further con-

(14) W. J. Moore and II. S. Tayler. J. Chem. Phys., 8, 396 (1940).

(15) G. Semerano, L, Riccoboni and F. Callegari, Ber., 74B, 1297
0941),
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sidération a number of the reactions listed by Sem-
erano, Riceoboni and Callegarib and by Moore
and Taylor.4 Thus the decomposition of sodium
ethyl in ether was shown by Schoriginb to involve
the solvent; and it is very doubtful whether the
decomposition of certain ethyl cyanogold com-
pounds to give butane involves ethyl radicals.l/
The decomposition of silver ethyl has only been
studied in solution and has been stated by Bawn
and WhitbyBnot to initiate the polymerization of
styrene or methyl methacrylate, a fact, which
weighs against, though does not necessarily exclude,
a radical mechanism. The thermal decomposi-
tions of the vapors of lead tetraethyl, Dsilicon tetra-
ethyl2 and germanium tetraethyl2l have only been
studied at high temperatures with a resulting
diversity of products and intractability of data.
In the photolysis of ethyl iodide2 it appears that,
the disproportionation and combination reactions
are negligible compared with other reactions of
ethyl radicals so that it is not possible to make a
reasonable correction for the latter.

The following gas phase reactions, however, almost
certainly involve ethyl radicals to some degree,
and reliable data exist, which, when combined with
reasonable assumptions, enable one to estimate the
relative rates of the disproportionation and com-
bination reactions.

The Photolysis of Mercury Diethyl.—The pho-
tolysis of mercury diethyl has recently been in-
vestigated by lvin and Steacie.ZZ The products of
the reaction were almost entirely ethylene and
ethane in equal amounts, and butane. Figure 1

Fig. 1L.—Photolysis of mercury diethyl at various tempera-
tures and pressures.

(16) P. Schorigin, Ber., 53, 1031 (1910).

(17) A. Burawoy, C. S. Gibson and S.
(1935).

(18) C. E. 1l. Bawn and F. J. Whitby, Faraday Sac. Discussion, 2,
228 (1947).

(19) R.
-(20) O.

(21) R.

(22) W.
(23) K.
25 (1951).

olt, J. Chem. Sor*, 1024

N. Meinert, J. Am. Chem. Sec., 55, 979 (1933).

E. Waring, Trans. Faraday Soc., 36, 1142 (1940).

L. Oeddes and E. Mack, J. Am. Chem. Soc., 52, 4372 (1930).
West and L. Schlessinger, ibid., 60, 901 (1938).

J, lvin jnd E. W. R. Steacie, Pror Roy. Sue. (London), A208
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gives a plot of the V2C2C 4ratio against pressure at
various temperatures. The fact that the ratio is
pressure dependent means that in addition to com-
bination and disproportionation of ethyl radicals,
there must occur reactions involving the attack of an
ethyl radical on a molecule of mercury diethyl.

The results are well fitted by the mechanism

rigfCThk + hv = Hg + 2CoH;-, o,la
2C2H,, — Chth T C2H4 1)
2C2Hs = o0 ,11,0 (2)

CoH, + Ilg(Call:)2 = Cdl, + CiH. + Hg + CaHs (3)

A further unidentified reaction producing butane
at a rate proportional to the pressure and incident
intensity also occurs to a slight extent. The
assumption is made that the entire reaction pro-
ceeds via the formation of radicals. This is justi-
fied by the fact that the energy of light absorbed is
not less than 95 keal. per mole while the sum of the
two Hg-C bonds is only about 40 keal. per mole.

The usual steady-state treatment of the above
mechanism gives

tI[C.HY + [CiHsl) = 2Kkrfj. |, 2fcqHg(CHH21(0j.);

ili k, + kt i + fe)b»
d[Callw] _ &oata
cke kx ~F-ki

[d(V*C,)/d(C4)Uo = kx/kt

From the temperature coefficient of the intercepts
in Fig. 1 at zero pressure E, — P2can be obtained,
and from the slope of the line when the C2 rate is
plotted against pressure f?3 can be obtained. In
this way, it is found that

E, —E2—0.8 + 0.2 keal.
i~ /12
P, ~ 13X 10-J

Rotating sector experiments (see later) at 150°
show that P2 the energy of activation of the com-
bination reaction, cannot be greater than 0.65
keal. per mole, while the steric factors P, and P2
are not smaller than 0.1.

Only slight effects could be detected on varying
the frequency of absorbed light, the proximity of
surface and the amount of excess inert gas. It may
be safely said that the combination reaction does
not normally require the presence of a third body.

It should be noted from Fig. 1 that the ratio
Aiffcr can only be obtained from the intercepts, and
a mere determination of the products at some arbi-
trarily chosen pressure can give quite false results.

The results of Moore and Taylor4on the photoly-
sis of mercury diethyl and zinc diethyl are not
sufficiently detailed to permit correction for side
reactions.

The Photolysis of Diethyl Ketone.—This reac-
tion wss studied by Dorfman and Sheldon2l using
3130 A. at low intensity. The kinetics conform to
the mechanism

(OoHsbcO + hv = 2cJpP, + CO (0)
2C.Hs = C2Hs + C2Ho (n
2CH5 = CHD . )

C2IP + (C2HO2CO = C2H6+ CdbCOCdl, (3)
CH5+ CsHsCOCsH. = CjHsCOCdb (-1
2C.HICOCdl4 = (C o HiC O C i (5

'2n 1. M. Dorfman and z. D. Sheldon, J. Chem. Phys., 17, 511
(1949).
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The assumption is made that the entire photolysis
proceeds via the formation of radicals. This
assumption is less easy to justify than in the case
of the mercury diethyl photolysis since the energy
of the radiation is rather less than the sum of the
two CH5CO bond energies. It has been shown
by Blacet and his co-workerss that in analogous
photolyses of aldehydes an appreciable amount of
reaction occurs by intramolecular processes. As-
suming that such processes may be neglected,
Dorfman and Sheldon derive by an extrapolation
to infinite intensity the following values of Ai// &

T, °C. 5G.6 120.3
AlA2 0.25 0.82

However, these values are subject to considerable
error, particularly at the upper temperature, owing
to the uncertainties in the extrapolation. -The
value of Ei — E2= 4.8 kcal. per mole derived from
these two values is probably in error by rather more
than the 1.5 kcal. per mole suggested by Dorfman
and Sheldon.

Ells and Noyes gived details of four experiments
at room temperature, two using a full aluminum

spark and two using 1850-2000 A., in which butane
and equal amounts of ethylene and ethane are
formed. The intensity appears to lie sufficiently
high that reactions (3), (4) and (5) can be neglected.
The values of /g/fc2 obtained from the V2XC2C4
rate ratio are 0.23 and 0.25 for the first two experi-
ments and 0.13 and 0.30 for the latter two.

Much more detailed invest igations of the photoly-
sis of diethyl ketone over the temperature range
25 to 300° have recently been made at Ottawa
and at Rochester, and the results have been pub-
lished in a joint paper by Kutschke, Wijnen and
Steacie.Z The results are in general agreement
with the mechanism of Dorfman and Sheldon, but
deviations at high temperatures necessitate the
inclusion also of the reaction

CLInCOCTh = CH4+ QO + CZAR ©
The mechanism is thus essentially similar to that
for mercury diethyl except, that the pentanonyl
radical has some considerable stability. From the
above mechanism the following relationships can be
derived, if reactions (4), (5) and (6) are neglected

U = [ (ML(=>)(UL
hf'iHo 'm;
Rr,H + Rr,n, = 2h fajCThCOC.,114
AV4H10 A2 A2 12/CI ,[(,‘41-
-V P)

Variations of concentration and of intensity show
the validity of these relationships at low tempera-
tures. At higher temperatures deviations occur
because of (6), but to a good approximation these
can be neglected. From the results at various
temperatures the following values are obtained
< =R.=o0
E3 = 7.4 kcal.
P3« 25 X 10«
(25) T. It. Blaeet. Tuts Journal, 52, 534 (1947).
(26) V. R. Ells and YV. A. Noyes, Jr., J. Am. ('ltem. Sor., 61, 2492
(1939).
(27) K. O. Kutschke, Al. Il. J. Wijien and E. YV. R. Steacie. ibid.,
74, 714 (1952).
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There thus seems to be good agreement between
the results for diethyl ketone and for mercury di-
ethyl. There is, however, one pronounced dis-
crepancy. From the results with mercury diethyl,
the values of the Ay/Al ratios are

T, °C. 75 100 150
h/K, 0.30 0.38 0.40

The values for the corresponding ratios from di-
ethyl ketone are approximately 0.10 + 0.02 in
dependent of temperature. It is possible that
energy carry-over from the primary stop in the case
of mercury diethyl might be the cause of the dis-
crepancy.

The Mercury Photosensitized Hydrogenation of
Ethylene.—This reaction was studied by LeRoy
and Kahn, Bwho suggested the mechanism

200
0.46

CAl4+ H = (Lit, (0)
2C.1t = colt + (Lit @
2C.It, = CH,, @)
cut + It = CJllo +1I 3)

Reaction (3) only becomes important above 200°.
While it is possible in principle to allow for reaction
(3) by extrapolation to zero hydrogen pressure, the
data in this paper are not sufficient to enable this
to be done with any confidence. The following
values of /y/Ay have been obtained from the C2H g/
CHD ratio. The scatter is quite large. The
value of 25° is taken from the data of Moore and
14

TT.

42 0.44,0.61,0.22,0.28
200 0.45, 0.49
25 0.17

The Mercury Photosensitized Decomposition of
Ethane.—This reaction is believed to proceed by
the mechanism®

Tig* + (/Hr, = Hg + (LIT, + I (0)
2C.IL = CLH, + G.II, (1)
2CH, = C,II,, 2)

H+ (Il = CH, + IT, 3)

H + (LH, = CTTs* D)
OTli* = 2011, (5)

ClH* + M = (LIT, + N (6)
CIL + 1l = Cll4 @)

Dament and Steacie were unable to detect any
ethylene in the products and did not include the
disproportionation reaction (1) in their scheme.
However, it must undoubtedly occur under the
conditions of the experiments and the absence of
ethylene is to be accounted for by the occurrence
of the very fast reaction

anj f H=aH, (65)]
At high pressures methane formation is negligible
and on calculating the stationary concentration of
ethylene from reactions 0, 1,2, 3 and 7 we find it
to be (AIEIIAA?) (0H 6, while the limiting quantum
yield of hydrogen at high pressures is given by
i/(l + AyAy). At room temperature Aylc2 is
about 0.2 while is probably of the order 0.01.
Hence the stationary concentration of ethylene will
be only about 0.2% of that of the ethane. The cal-

(28) 1). J. Leroy and A. Kahn, J. Chem. Phi,a.,, 15, 810 (1947).
(29) R. deB. Darwent and E. YV. Il. feteaoio. | y 1C, 381 09438).
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culated limiting quantum vyield of hydrogen is
about 0.8 which is quite compatible with the data
of Darwent and Steacie. Recent experiments by
Darwentd) indicate that ethylene is formed in the
reaction.

The Reaction of Ethyl lodide with Sodium Vapor.—
This reaction has been studied by Hawn and Tipper3 using
the Polanyi flame technique. Under the conditions of the
experiments it appears that the reaction between ethyl rad-
icals and ethyl iodide (which is very marked in the photoly-
sis of ethyl iodide) is relatively slight. Partial polymeriza-
tion of the ethylene occurs so that k,/k2 is best, given by the
ratio ChHc/CjHjo. The values calculated from the data in
which nitrogen is used as the carrier gas are scattered at
random between 171 and 221 for the temperature range
300-367°. The mean of Svalues is 1.85. In the presence
of hydrogen as carrier gas one would expect the reactions
CJE + H2= Ctc + H and CAR + H = CH5to occur
readily with a net increase in the CJR/C.iHio ratio. In
actual fact little change can be detected.

Attention must be drawn to the fact that although this is a
gas phase reaction, one of the products, sodium iodide,
condenses in the reaction zone. Hence, the radical reactions
may occur wholly or in part on the surface thus formed and
we may expect deviations from the results obtained for the
purely homogeneous reactions.

Propionaldehyde and Methyl Ethyl Ketone.—Recent
work by Pitts am. Blacet2 on the photolysis of propion-
aldehyde yields a value of approximately 0.1 for the ratio
Ai/Ro at room temperature.

The ratio of Rexm/Rcatn >n the photolysis of methyl ethyl
ketone by the same authors gives a value slightly less than
0.2 at low temperatures and increases with temperature in a
manner similar to diethyl ketone. A value of 0.1 to 0.2
and a reaction analogous to reaction (4) in the diethyl ke-
tone photolysis gives a reasonable explanation of the results.

Discussion

If the values of log AJAq obtained from the
various reactions are plotted against reciprocal
temperature, it is found that while there is general
agreement as to the order of magnitude of the
A/As values, detailed agreement is not good.
There is, however, a general negative slope corre-
sponding to Ei > E2as expected. It is probable
that some of the discrepancies are due to inadequate
allowance for the effect of side reactions. The
cases in which there is a lack of internal consistency
clearly require reinvestigation. It is possible that
even after full allowance for side reactions we may
still be left with different AgAq values at a given
temperature, for the following reason.’ When first
formed, the ethyl radicals will possess varying
amounts of energy depending on lhe energetics of
the primary process. If any of this excess energy
is retained until the collision of two ethyl radicals,
we may expect an increase in AqAq for two reasons.
Firstly, the effective energy of activation of dis-
proportionation will be reduced and secondly,
though probably less important, there will he an
increased probability of redissociation of freshly
formed butane molecules. There is some evidence
of a slight “hot radical” effect in the photolysis of
mercury diethyl, but the effects reported arc too
small to be conclusive.

Finally we may make some remarks on the
mechanism of the disproportionation reaction.
It seems likely that one ethyl radical removes a
methyl hydrogen rat her than a methylene hydrogen

(30) B. deB. Darwer.t, private communication.

(31) C. E. IT. Bawn and C. IE II. Tipper, Faraday Sac. Discussion, 2,
104 (1947).

(32) F. E. Blacet and J. N. Pitts, private, communication.
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Vol. 56

from a second ethyl radical; that is, combination is
favored by a head-to-head collision of radicals
while disproportionation is favored by head-to-
tail collisions. Recent experiments on the pho-
tolysis of partially deuterized diethyl ketone bear
this out.3 Diethyl ketone was used, in which the
secondary hydrogens were replaced by deuterium,
VIZ.

CH{ODZOCDZII2F hv = 2CIIsCD2 + CO

While there were certain complications in the
reaction, the results showed unequivocally that dis-
proportionation occurred by a head-to-tail mecha-
nism

C1RCD2+ CIUCDo = CURD? + C21D2

Il. The Absolute Rate of the Disproportionation
and Combination of Ethyl Radicals

Since in the photolysis of mercury diethyl the
rate of production of Co-hydrocarbons is given by
an expression of the form

dCOW<h = ah F W.V.

the rate is not directly proportional to the light
intensity. Hence, in a certain range of values, with
a rotating sector, the rate with intermittent light
will be a function of the sector speed. It is thus
possible to determine the average lifetime of ethyl
radicals under given experimental conditions.
From this the concentration of ethyl radicals may
he calculated, and hence the absolute values of A
and Aqthe velocity constants for disproportionation
and combination.

Values Given by lvin and Steacie-3
E, krai, per mole; A ,ec. mole"lsee. ; z, (assuming normal
kinetic theory cross-sections, for an average temperature
over the range investigated) = 12 X 10"

E-, assumed 0 0.65
E, O.S 1.45
A, X 10"B 1.65 5.5
do X 10"3 1.57 1.2

It thus appears that, as with methyl radicals, the
frequency factor for combination is quite high.
It is of interest that the frequency factor for dis-
proportionation is of the same magnitude.

I1l. Hydrogen Abstraction Reactions
A variety of methyl reactions of the type
CIR + RTI = CIR + H

have been investigated.5-12 It is of great interest
to compare these with the corresponding ethyl
radical reactions

CJR + RIl = CH6+ R

Unfortunately, the data on such reactions are very
scanty. Until recently virtually no quantitative
information existed, with the exception of the
reaction

CAR + H2= OMH, + I (5)

For this reaction rough estimates had been made by
a number of workers. Thus, Leermakers3 estim-
ated the activation energy to be 15 keal., Moore
and Taylor4d about 9 keal, and Jungers and
(33) M.
1092 (1951).
(34) J. A. Leermakers, J, Am. Chem. Soc., 55, 4508 (1933)

If. J. Wijnen and E. W. R. Steacie, Can. J. Chem.,, 29,
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Taylord about 11 kcal. If the value of the activa-
tion energy of the reverse reaction is taken as 9
kcal., then Eb would be about 14 kcal. However,
this is quite uncertain.

Quantitative data for a few reactions have been
obtained recently. Dorfman and Sheldon2 have
estimated the activation energy

<11 + C2Hs5COC:2H-, = C2H, + etc.

to be 4.1 kcal., while Kutsehke, Wijnen and Stea-
cieZ obtain 7.4 kcal., with a steric factor of about 3
X 10-4

For the reaction with diethyl mercury

CMb + CMDbHgCMI, = C.Ho + CMRIIgCMI»

Ivin and SteacieZ obtained 6.2 kcal., with a steric
factor of the order of 10~4 It is interesting to note
that this is of the same order of magnitude as the
steric factor of typical methyl radical reactions.
The activation energies also are relatively low, and
suggest that the difference between reactions of
methyl and of ethyl radicals is not great.

Wijnen and Steacie® have recently investigated
the reaction of ethyl radicals with deuterium. Di-
ethyl ketone was photolyzed in the presence of deu-
terium over a range of temperature from 54 to 257°.
On the basis of the previous discussion of the di-
ethyl ketone photolysis, the mechanism of the re-
action in the presence of deuterium may be as-
sumed to be

CHEOCH6+ hv = 20M-, + CO

CMI» + CMI» = C3H, + CMT @

CHr+ (M. = Q31,0 2

(\\H5+ CMTCOCMb = CMIr + CMLCOC-R, 3)
CH + 1) =<ell I»+ D (5)

) + eHi'fu =nn + o0 n((>0.ii. to
11.0001!. = CH, + CO + CMI, 4

Reaction (4) is only of importance at high tempera-
tures. If this is excluded, we have

. I7csm,)[C2H!COC2H{

hlh ~ Dd
Actually, it may lie shown that the occurrence of
(4) at high temperatures will make no significant
difference as is the case in the photolysis of diethyl
ketone above.

By a plot of log ks/k3 against 1/T it is, therefore,
possible to obtain Eb — E>.  In this way it is found
that

Et, — /A — 5.9 kcal.

Hence

E,= 75+ 59 = 134 £ 0.5 kcal.
If avalue of 3 X 10~4is accepted for the steric fac -
tor of reaction (3), then the steric factor of reaction
(5) isabout 10M

With the above value of Eé6 it is possible to corre-
late satisfactorily the activation energy of the re-
verse reaction with the bond dissociation energy of

ethane D (CTR-H).

IV. The Decomposition of Ethyl Radicals

At high temperatures the ethyl radical can de-
compose
(11 = avi4+ 11

(35) J. C. .Tungers and Il. s. Taylor, J. Chem. I>hys., 6, 325 (1938).
(30) M. H.J. Wijnen and E. W. R. Steacie, ibid., in press.
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This reaction was postulated by Rice and Herzfeld¥
as an essential step in the thermal decomposition of
ethane.

Rice3Bassigned a value of 49 kcal. to the activa-
tion energy of the reaction in order to explain the
over-all activation energy for the thermal decom-
position of ethane. Most of the activation ener-
gies for the elementary steps, however, were as-
signed on a speculative basis to fit observed activa-
tion energies and some have been shown later to lie
very inaccurate. The bond strength values used
are no longer those generally accepted and the
mechanism postulated itself is in places doubtful.
Thus the activation energy values arc open to very
large errors.

Bawn® has estimated the activation energy for
the decomposition of the ethyl radical by a transi-
tion state calculation and has obtained a value of
48-50 kcal. This estimate appears to be somewhat
more reliable than the values deduced for various
other radicals since it is largely independent of the
bond strength chosen foi the removal of the first,
hydrogen atom in ethane. However, all transition
state calculations of this kind have only qualitative
significance.

A minimum value for the activation energy of the
decomposition can be arrived at on thermochemical
grounds since the reaction is endothermic. All the
necessary thermOchemieal values have been es-
tablished with reasonable certainty giving a heat of
reaction of 37.5 kcal. Thus the activation energy
of the reaction will be 37.5 kcal. plus the activation
energy of the reverse reaction. This would sug-
gest an activation energy of 38-43 kcal.d

A more direct estimate has recently been made
by Bywater and Steacie,4 who investigated the
mercury photosensitized decomposition of ethane
at high temperatures. There seems to be little
doubt that tire mechanism of the reaction at low
temperatures is®

Hfi(T,] + (MI-= Hg('Sn + CMIs+ H (1)

H+ (M. = (,li + Iz )
2CJIs = CiHk (3)
2CoHs = CAHc + CAR, (4)

In agreement with this, hydrogen production is only
very slightly temperature dependent. At high
temperatures, however, there is a sudden very
abrupt increase in the rate of hydrogen production
which is undoubtedly due to the onset of (5)

(Mi = CMI, + 1l (5)

which together with (2) constitutes a reaction
chain. If the low-temperature “non-chain” hy-
drogen is allowed for, the remaining high tempera-
ture production of hydrogen gives a very good Ar-
rhenius plot corresponding to Eh = 39.5 kcal. This
is in excellent agreement with the thermochemical
value for the heat of reaction, and the assumption

(37) F. 0. Rice and K. F. llcrzfeld, J. Am. Chem. Soc., 56, 284
(1934).

(38) F. 0. Rice ibid., 56, 488 (1934).

(39) G. E. H. Bawn, Trans;. Faraday Soc., 31, 1536 (1935).

(40) E. W. R. Steacie, “Atonic and Free Radical Reactions,”
Reinhold Publ. Oorp., New York, N. Y., 1946.

(41) S. Bywater and E. W. F,. Steacie, J, Chem. Phys, 19, 326

(1951).
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that the activation energy of the reverse of (5) will
be very small.

Conclusion

Much less information exists on the reactions of
ethyl radicals than for methyl radicals, and until
recently there has been little quantitative informa-
tion. Recent work is of a more quantitative na-
ture, and the following conclusions may be drawn:
(@) The activation energy of the decomposition of
ethyl radicals is about 39.5 kcal. (b) Both dis-
proportionation and combination of ethyl radicals
have very low activation energies. The frequency

SOME RECENT DEVELOPMENTS

Henry Eyring and Richard P. Smith
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factors are similar. Hence both reactions may be
expected to occur simultaneously in the normal
temperature range inwhich photochemical measure-
ments are carried out. (c) The collision efficiency
of the combination process 2CH5 = CHDis high,
and is of the order of magnitude of 0.1 to 1. (d)
Hydrogen abstraction reactions are responsible for
most of the apparent discrepancies in earlier work.
Such reactions appear to have steric factors of the
order of 10 ito 10~4as with methyl radical reac-
tions. The activation energies of such reactions
indicate that ethyl radicals are not much less reac-
tive than methyls.

IN REACTION RATE THEORY

By Henry Eyring and Richard P. Smith
Departrent of Chemistry, Universita of Utah, Salt Lake City, Utah
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A brief review of the status of theoretical calculations of reaction rates is given.

New developments in organic reaction

rate theory are discussed; particular attention is given the development of a theory for charge distributions in aliphatic

molecules and the correlation of the calculated charge distributions with organic reaction rates.
atoms with organic halides and the chlorination of aliphatic molecules are discussed in some detail.

The reaction of sodium
The parallelism be-

tween changes in electrical resistance and hardness of alloys is discussed in terms of electronic availability.

Modern reaction rate theory reduces most ordi-
nary problems in reaction rates to problems in molec-
ular structure and the potential of interaction be-
tween molecules. Specifically, the theory of abso-
lute reaction rates, as formulated by Eyringl in
1935 for the general case where one or more mole-
cules combine to form the activated complex has
for the specific rat e constant

/ hT "
l-l( —k Nn-fj---—--—-e »"«"='m,
h IKJ<bEEe h

M y
Here k' is the specific rate constant, R is the gas
constant, h is Planck’s constant, T is the absolute
temperature, Ea is the activation energy per mole
of the reaction at absolute zero, « is the “transmis-
sion coefficient ” and F™, Fa, Ek, etc., are the par-
tition functions of the “activated complex” and of
the reactants A, B, etc., respectively, per unit vol-
ume and K * is the equilibrium constant between
reactants and activated complex. The “activated
complex” is defined to be the configuration of the
reactant atoms and/or molecules corresponding to
maximum energy along the most favorable reaction
path. The transmission coefficient allows for the
possibility that not every system of reactant mole-
cules reaching the top of the barrier (i.e., the activ-
ated complex configuration) and moving along the
coordinate of decomposition leads to reaction.
For normal adiabatic reactions, such as those usu-
ally encountered by the organic chemist, this factor
may satisfactorily be taken to be unity.

The theory of absolute reaction rates is, then, a
statistical theory relating the very important quan-
tity k', the specific rate constant, to (a) statistical
quantities, such as the average translational energy
of a molecule ((3/2)JcT) and partition functions F +,
Fa,Fb,etc.; (b) the transmission coefficient, which
is primarily related to the shape of the “barrier,”

(1) H. Eyring, J. Chem. Pltyx.. 3, 107 (1935)

i.e., “hump” in the potential energy plotted as a
function of the reaction coordinate, and which will
not concern us here, the deviations of this factor
from unity being negligible for the reactions of par-
ticular interest to us; and (¢) the activation en-
ergy, which must be calculated quantum mechanic-
ally, estimated semi-empirically or empirically, or
del ermined experimentally.

liquation (1) is often written in the quasi-thermo-
dynamic forms

@

um
L eAs+ /R E>-All+ /RT (3)
]

= k-r e,-*Fr/RT
h

e “free energy of activation,”
A/H is the “entropy of activation,” AH* is the
“heat of activation,” (all per mole, referred to
standard states which must be designated), and R
is the gas constant. The heat of activation, A//* |
is practically the same as the previously introduced
activation energy, E0, the two differing essentially
by RT for unimolecular gas reactions and for re-
actions in solution where the standard states are
unit concentrations; for other types of reactions,
the relationships are readily derived.2

Equation (1) is derived for the rate process

A+ i + e NCY —>D + E + eme (4)
Here species A and B, etc., unite to form the activ-

ated complex CH which breaks up to form D and E,
etc. Thus the velocity of reaction is

v = K (A) (B) =m== Cxs(kT/h) (5)
The relation v = c*K(kT/h) holds equally well for
a reaction of the type
A+ B+ eee— >C+ + M + ele—
D +

li +

E == (C)

(2) S. Glasstone, K. J. Laidler and H. Eyring, “The Theory of Rate

Processes,”" McGraw-Hill Book Co., Inc.,, New York, N. Y., 1941.
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In this case
v-—-x]f;# ﬁ#z;r;...%l_\)i;g)...:
K (%%) = k'(?gff) = CF KKTT )

Ordinarlly the Arrhenius plot of the specific rate
constant against 1/7 yields a negative slope in the
accustomed manner. This is, however, not neces-
sary since K¥ like any equilibrium constant may
possess a temperature maximum. Thus many
biological reactions show a maximum with temper-
ature ordinarily interpreted as the superposition on
the customary Arrhenius speed-up with tempera-
ture rise of an accompanying enzyme inactivation.
Alternatively one may simply say that K+ shows a
temperature maximum and that above this tem-
perature maximvm the activated complex is less
energy rich than the constituents from which it is
assembled. One cannot emphasize too much that
K#* must be expected to show just the complexities
of any other equilibrium constant.

The main problems to be dealt with in calculating
reaction rates then, are (a) calculation of the en-
tropy of activation, and (b) calculation of the heat
of activation (or energy of activation).

It is not difficult to estimate the entropy of ac-
tivation with fair accuracy once the approximate
configuration of the activated complex is known.
This is fortunate not only for the sake of calculating
the ‘““frequency factor’” (i.e., the coefficient- of
e~MIF/RT) for a reaction, but this also provides us
with a powerful tool for the elucidation of reaction
mechanisms. Various forms for the activated
complex of a reaction may be postulated, and the
entropy of activation estimated for each. This is
possible because masses and moments of inertia are
the most important factors entering these calcula-
tions, other than universal constants. By compar-
ing the various calculated entropies of activation
with that which is observed, the mechanism of the
reaction may be decided upon in many cases.? A
particularly striking example is a reaction which we
shall discuss more fully later in this paper: the re-
action of sodium atoms with halides. When a so-
dium approaches a halide molecule, the valence elec-
tron of the sodium transfers to the halide, which
promptly dissociates, the result being the formation
of a sodium halide and a free atom or radical.
Magee? has shown that the very high frequency
factors observed can be accounted for only by as-
suming a separation of fivé to seven Angstrém units
between the halide center of gravity and the so-
dium atom nucleus, so that the electron must pre-
fer to jump from the sodium to the halogen even
when quite a large separation exists.

Large, important areas in the field of reaction
rate theory apparently would be in good condition,
then, if means were available for calculating (or
successfully estimating from empirical considera-
tions) activation energies. This is the part of re-
action rate theory which has caused the most
trouble.

It is quite evident that entirely new methods ,

must be found for determining activation energies
(3) J. L. Magee, J. Chem. Phys., 8, 687 (1940).
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theoretically. In principle, straightforward quan-
tum mechanical calculations should be used. How-
ever, by using this approach, it has so far been pos-
sible only to show that, for the simplest reaction,
H + H, para = H, ortho 4+ H, the activation en-
ergy is less than 19 keal., while the experimental
value is about 7 kcal. Thus it appears that this
can only be a successful approach, as new approxi-
mations are found which will both simplify and im-
prove the calculations.

An alternative approach was devised by Polanyi
and Eyring! which is usually known as the ‘“‘semi-
empirical’”’ method for calculating activation ener-
gies. They used London’s approximate formula for
the energy E for four monovalent atoms, which is
E=Q— {/l(a =B+ (B—7)?+(v—a))Vr (4)
Here Q represents the total ‘“‘coulombic’ binding,
and «, 8 and v are exchange interactions between
various atoms. Following Sugiura’s calculations?
on the hydrogen molecule, the “coulombic’ terms
were assumed to be about 149 of the total binding,
and the total binding energies between pairs of
atoms were assumed to be satisfactorily approxi-

. mated by means of Morse curves between the

atoms. These approximations made possible the
construction of potential surfaces, and these were
sufficiently accurate for at least quahta.tlve dlscus-
sion of the nature of a chemical reaction; and, in
many cases, the calculated activation energies were
in good a.greement with experiment.

The method described above for the calculation
of activation energies is now seldom used, and the
a priors calculation of activation energies is a task
that few have ventured to try during the last dec-
ade. The reasons for this shyness on the part of
chemists appear to be, first, that the “semi-empiri-
cal’”’ method has been a.pphed to most of the simple
gas reactions with results ranging from poor to ex-
cellent, and no one is sure of how to consistently
improye the caleulations; and, second, the reac-
tions which are at once most lntelebtlng and most
numerous, namely, the reactions of organic chemis-
try, are not suited to treatment by the “semi-em-
pirical” method. This latter fact is well illustrated
by the poorness of the results which have been ob-
tained with what has been called the simplest of or-
ganic reactions, namely, the reaction of sodium
atoms with organic halides. Here the agreement
with experiment is very rough indeed. Further-
more, in this particular case, one is not at all sure of
how to take account of the changing properties of,
for example, the C-Cl bonds when calculating the
energies of activation for a series of chlorides, such
as CH;Cl, CH,Cl,, CHCIl; and CCly, where the ac-
tivation energy differential is about 10 keal.

Tt therefore seems evident that neither the Ey-
ring—Polanyi method nor strict quantum mechani-
cal methods can at present be very fruitful for solv-
ing the activation energy problem, in view of the
difficulties involved and the large number of reac-
tions the chemist is interested in. Hence a high
degree of successful empiricism seems to be de-
manded.

An empirical but very successful method for qual-
itatively considering relative organic reaction rates

(4) H. Eyring and M. Polanyi, Z. physik. Chem., B12, 279 (1931).
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has been built lip by the *“electronic interpreta-
tions” school, led particularly by such English
workers as Ingold, Robinson, Loivry and Lapworth.
Simple concepts for discussing changes in electronic
densities on various atoms in molecules due to sub-
stituent, charges are used, and these charges are in
turn qualitatively correlated with reaction rates
and equilibria. In 1940 Ree and Eyring6 decided
that here was a good place to start in attempting to
attain a more quantitative treatment of organic re-
actions, and the result was the demonstration that
the simple rules of the electronic school could
equally simply be mathematically formulated and
applied to the consideration of relative amounts of
ortho, meta and para nitration of substituted ben-
zenes.

The success of these calculations clearly de-
manded further explorations in this field. Efforts
were begun in 1940 toward the development of a
simple theory for estimating charge distributions in
simple aliphatic molecules, such as methylene
chloride. The war interrupted this work, but it has
finally been continued in the recent paper by Smith,
Ree, Magee and Eyring,6 wherein a simple, semi-
empirical scheme is detailed for the calculation of
charge distributions in aliphatic molecules. The
validity of the method was demonstrated by the
calculation of dipole moments of polysulnstituted
methanes and ethyl halides, using the moments of
the methyl halides as the bases. A following paper
by Smith and Eyring" shows that the net charges
thus calculated may be simply correlated with the
activation energies for reactions of halides with so-
dium atoms, thereby lending support to the charge
distribution theory and at the same time showing
how charge distributions are easily correlated with
reaction rates, at least for certain types of reactions.

For details of the charge distribution theory the
reader is referred to the appropriate paper.6 There
it was shown how, to the approximations used,
atoms in molecules may be considered to have
“net charges” associated with them, and these may
be calculated by a simple scheme. It was found
that certain moments were needed as bases, among
them being the (11 bond moment in methane.
This is certainly small, and the calculations based
on the assumption that it is zero were satisfactory.
All calculations presented in this paper are based
upon this assumption.

The net charges for CHXCl, CHAT, CHCR and
CCh were calculated to be as follows.

H 01( —01-10f)
H-CR:fI*01( —0.205r) 11—0—11(0.030)
\
11(0.019) Cl (0.232¢)
al o1

[
Cl—C—C I(-0.081(0 11—6—CI(-0.108c)
0370 |

&N (0.3230) Cl (0.286¢)

Here e is the negative charge of an electron. This

series clearly portrays the main features of the

“inductive effect,” i.e., the change in the moment
(5) T. Ri (Ree) and H. Eyring, J. Chem. Phys., 8, 433 (1940).

(0) R. P. Smith, T. Ree, J. L. Magee and Il. Eyring, J. Am. Chem.

Soc., 73, 2263 (1951).
(7) R. P. Smith and H. Eyring, ibid., 74, 229 (1952).
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of a bond with the bond environment. As the car-
bon becomes more heavily substituted with chlor-
ines, the latter take more electronic charge from
the carbon, thereby increasing its effective nuclear
charge, making further removal of charge more
difficult. Hence two chlorines cannot remove
twice as much charge as one, i.e., the chlorines in
CR.Cb have smaller net negative charges than has
the chlorine in CHAT and so on.

In the reactions of the above molecules with
sodium atoms, it is found that the activation ener-
gies decrease as we go through the series, the total
change being about 9.5 kcal./mole. This seems
qualitatively understandable when the net charges
shown above are considered. As the chlorine atom
becomes more negatively charged, its electron af-
finity decreases, and the electron from the sodium
atom therefore is not transferred to the chlorine so
easily. Remarkably enough, the plot of the net
charges against the activation energies yields a
straight line.7 Still more remarkable is the fact
that if net halogen charges are divided by the polar-
izabilities of the carbon-halogen bonds, not only do
the chlorides fall on a straight line (the polarizabili-
ties of all C-CI bonds are taken to be the same), but
bromides and iodides are brought onto the same
straight line. This relationship is so accurate that
one wonders about the possibility of showing how
it may be made to follow from theoretical consider-
ations. So far, not much progress has been made
in this direction, so that this remains as a challenge.
A very rough argument that indicates how such a
relationship might arise is as follows. Let us treat
the “extra” charge on the halogen, i.e., the halogen
net negative charge, by the “particle in a box”
model, using a one dimensional model for simplicity.
If L is the length in which the particle may move,
the ground-state energy of such a system is

E = h'/8mL- (5)

Suppose the available space is shortened an amount
dL. The corresponding energy change is then

<E = - (hr/4m.L3)dL (6)

Suppose that, before the “loose” electron of the
sodium atom can be transferred to the halogen
atom, the “extra charge” of the halogen atom must
be pushed over onto the carbon atom. This is
equivalent to a reduction in L. If this reduction is
constant, then cg. (6) shoves the energy differential
to be inversely proportional to L3 for a unit of
charge. Multiplying this by the fraction of a
charge to be transferred, we arrive at a proportion-
ality of energy differential to net charge divided by
13. Xow L3has the same dimensions as polariza-
bility, and might be expected to be proportional to
the polarizability; hence a rough justification of
our empirical relation. Similar arguments, made
more precise, might lead to the desired relationship.

Two very different types of reactions, then, have
so far yielded to treatment by the now methods,
where other methods have failed. They are, (@)
an electrophilic attack on a carbon atom by an ion
(the nitration of substituted benzenes); (b), an
.electron-transfer reaction (reaction of sodium atoms
with halides). Many important organic reactions
are essentially of these types, and may be expected
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to yield to similar treatment. Other types, such as
a dissociation reaction (acidic ionization) will be
shown to be amenable to such treatment in a future
paper.

In all the reactions discussed above, net charges
residing on atoms are the fundamentally important
factors. In another class of reactions, namely, free
radical reactions, it is well known that not net
charges, but rather charge availabilities, are the
important factors. Our inductive effect theory is,
as we shall now demonstrate, capable of providing
indices of electron availability for various positions
in molecules, and these can be correlated with rates
of free-radical attack on various positions.

The reaction we shall consider is one for which
many data have been assembled, namely, the free
radical chlorination of aliphatic hydrocarbons and
aliphatic chlorides. Ash and Brown8have recently
reviewed the data on this reaction. Here a chlor-
ine atom comes up to a hydrogen atom in the chlor-
inated (or unsubstituted) alkane; an electron is
pulled out of the C-H bond, so that an H-CI bond
may be formed, leaving a free radical.

In order to understand how the experimental re-
sults for this reaction may be explained, let us first
consider n-butane. Here the secondary carbons are
favored toward chlorination. In (CH:).>CHCH2
(H3 the tertiary carbon is highly favored. These
facts have previously been explained only by the
suggestion that a methyl group may be considered
to activate the adjoining carbon, though the nature
of this activating influence is not elucidated. Our
explanation is simply this: The more easily an elec-
tron can be pulled out of a given C-H bond to form
the H-CI bond, the lower the activation energy
should be. The more easily a carbon atom can
regain electronic charge from other bonds, the
more willing it will be to give up a C-H bond elec-
tron. Carbon-carbon bonds will be much better
suppliers of charge than carbon-hydrogen bonds,
because of the greater longitudinal polarizability of
the former. A primary carbon has only one C-C
bond through which to partially make up charge
deficit; a secondary carbon has the benefit of two
C-C bonds; and a tertiary carbon has three.
Hence the results mentioned above are readily ex-
plained.

We turn now to the chlorination of «.-butyl chlo-
ride, which is a bit more complicated. Here we
have not only the “reservoir” effect just consid-
ered, but superimposed on this is the inductive ef-
fect. The relative amounts of attack at the various
carbons are as follows.1

Co-ee Co= Ceeeee C—-

24 47 22 7
Numbering the positions 1, 2, 3, 4 from the left, we
see that the “reservoir’ effect will explain the
greater amount of attack at position 2 over position
1. Carbons3 and 4 have equally good “ reservoirs,”
but they are already electron deficient because of
the influence of the chlorine already present in the
molecule.

To shoiv that the above explanation will actually
account for the trend shown, we have assumed that,
in the activated state, the incomplete H-Cl bond

(8) A.B. Ash and H. C. Brown, Record Chem. Progress, 9, 81 (1948).
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has removed about as much charge from the carbon
concerned as a chlorine would remove if attached di-
rectly to the carbon. Then we may use the charge
actually removed by a chlorine substituted in a
position as a measure of the “electron avuiilability”
at that position. That is, we simply calculate
charge distributions for the four compounds CI-
(CH24C1, CHXCHO01(CH22Z21, CH3CHZXHC1CHZCL
and CH3((1IH)2CHC12 The charges we calculate
to reside on the second chlorine then are, respec-
tively, in units of 10~D ess.u., —1.056, —1.129,
—1.024, —0.799. These figures parallel the
amounts of substitution previously given very well.
Similar calculations have been made for the chlor-
ination of CH3(OH22CHCI2 and CH8§CH22CC13
The results are tabulated below. For each mole-
cule, the experimental amounts of substitution are
given on the first line, and the charges a chlorine
will remove are given on the second line (units of

10- De.s.u.).
- C} X

5 T %

47 G

—05 - 110 -1024 -0.799
D r 2 a.

—®@ -101 0955 —0018
g D 0 a,

- 106 -1.058 -0.925

Experiment shows carbons 1 and 2 ir. the last
molecule to be about equally attacked, while our
“electron availability indices” also become almost
equal for these positions, as contrasted with the
two other molecules. In other words, the strong
inductive effect of the three chlorines seems to just
counterbalance the different *reservoir” effects
here.

It is intended to discuss this reaction in more de-
tail elsewhere. Meanwhile, it is hoped that we
have indicated how useful the simple concepts of our
inductive effect theory can be for semi-quantitative
understanding of diverse types of organic reactions.

One other concept which involves electronic
availability serves to explain the parallelism between
changes in the electrical resistance and in the hard-
ness of alloys.J One should think of conductance
electrons as a solvent surrounding the positive
atomic kernels holding them together and permit-
ting them to slip past each other readily, providing
there is sufficient electron solvent. A useful and
close analogy is clay held together and made plas-
tic by added moisture which surrounds the clay
particles. Now if one docs anything to tie up the
electrons, say, by causing them to be adsorbed on
individual atoms as occurs whenever atoms of dif-
ferent electronegativity are added to the alloy, the
solvent electrons tend to disappear and the alloy
hardens becoming more brittle and at the same time
increases in its electrical resistance as it tends to-
ward the semi-conducting state. If additions reach
the point where compounds start, precipitating out
of the alloy, the situation becomes complex and the
simple parallelism between hardness and resistance
requires closer analysis. We will pursue this mat-
ter no further here.

(9) R. F. Vine*, “The Platinum Metals and Their Alloys,” The
International Nickel Co., J941.
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In reactions involving the fusion of more than
one saturated molecule into an activated complex,
electronic promotion is involved. This activation
energy of promotion is lessened by coordination of
the activated complex with a suitable electron ac-
ceptor. Metals as shown by their work functions

G. KIloLLKFSUN

Vol. 56

have long been recognized to have this catalytic
virtue of temporarily accepting unwanted elec-
trons. We have been able to mention only a few of
the cases where electron displacement lowers activa-
tion energy. In most cases suitable guantitative
theories are still much needed.

FREQUENCY FACTORS OF SOME BIMOLECULAR REACTIONS

By G. Iv. Rollefson

University of California, Berkeley, California

Received October 23, 1951

The facts discussed in this paper show that there are two values for the frequency factor for kmolecular reactions between

neutral molecules which may be considered normal.

These values are 10" and 107. The first corresponds to reaction every

time the molecules come within a distance of the order of a molecular diameter of each other, whereas the second requires

that, in the activated complex the two molecules are essentially bonded to each other.

These values are equally valid in the

gas phase and in solution which leads to the conclusion that the caging action of the solvent postulated by Franck and

Rabinowiteh is usually small or negligible.

For reactions between ions in solution the same factors hold but must be modi-

fied by a factor which takes into account the difference in entropy of solvation of the activated complex and the reactant

ions.

The factor *1 in the Arrhenius expression for the
rate constant for a bimolecular reaction k =
Ae~E/RT may be called a frequency factor, al-
though it does not have the dimensions of fre-
quency, since it determines the frequency with
which the molecules react when the system pos-
sesses the necessary activation energy. In this pa-
per the magnitude of this factor for a number of
systems is to be discussed in terms of the “collision
theory” and of the “absolute reaction rate theory.”

There are many reactions in the gaseous state for
which, if the concentrations are expressed in moles
per liter and the time in minutes, the frequency fac-
tor has been found to be about 10n. This is true
for example in the formation or decomposition of
hydrogen iodide, the conversion of para- to ortho-
hydrogen by oxygen, the reaction of bromine atoms
with hydrogen, etc. In fact, this value has been
found so frequently that it is usually referred to as
the normal value, and explanations arc sought for
deviations from it. In terms of the collision theory
this characteristic value is explained as reaction
occurring at every collision when the system pos-
sesses the requisite activation energy. Lower val-
ues arc accounted for by assuming that in order for
the molecules to react they must be oriented in some
special way with respect to each other and, in addi-
tion, there is the possibility that the necessary
changing of bonds.will not occur so that the mole-
cules will separate without reacting although the
necessary activation energy was available. The
weakness of this theory is that it offers no quantita-
tive means for the evaluation of these specific, orien-
tations or probabilities.

The absolute reaction rate theory expresses the
frequency factor as x(/q,7'/7/)rs>K in which « is
the transmission coefficient and is usually assumed
to be unity, As* is the entropy change associated
with the formation of the activated complex from
the two reactant molecules. The remainder of the
expression is a constant believed to be characteris-
tic of all reactions. In principle this factor can be
calculated if we know the energy states of the react-

ant molecules and of the activated complex. In
practice the energy states of the activated complex
are not known from experiment and, therefore, as-
sumptions must be made concerning them. The
number of adjustable parameters available is usu-
ally so great that it is always possible to show that
any experimental result is understandable, although
it might not have been predicted. However, at
least for bimolecular reactions, there are some gener-
alizations based on the known entropy changes for
complete reactions =whichwc wish to point out.

A survey of the entropy changes which are asso-
ciated with the addition of two atoms or molecules
to form a new molecule reveals that such a process
is usually accompanied by an entropy decrease of
about thirty. Such a value can be attributed to
the loss of translational entropy of one molecule.
If the formation of the activated complex is analo-
gous to such an addition reaction, the entropy of
activation should be about —30 and, correspond-
ingly, the frequency factor should be about 107 or
only one ten-thousandth of the so-called normal
value. On the other hand, if the only condition
which must be fulfilled in forming the activated
complex is that the two molecules must approach
within some specified distance of each other, then we
could expect that the entropy change would corre-
spond to the loss of translational entropy with re-
spect to only one degree of freedom and, hence, it
should be about —10. Such a value leads to a fre-
quency factor of 1011 Thus, according to this the-
ory, the “normal” value should be found for reac-
tions for which the formation of the activated com-
plex requires only the condition stated above.

There is another group of reactions for which the
observed frequency factors are about. 1()7. As ex-
amples we may cite the dimerization of cyclopenta-
diene,1 and the reactions of methyl radicals with
several organic molecules.5 In the latter cases 107
is said to be the upper limit, but it is probably close
to the actual value. Such a value is readily under-

(1) A. Wasserman, J. Chetn. Soc., 1028 (1936).
(2) L. M. Dorfman and R. Gomer, Chem. Rev., 46, 499 (1950).
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stood in terms of the absolute rate theory if we
assume that the formation of the activated complex
is essentially the same as an addition reaction and,
therefore, has an entropy change of —30 as has been
mentioned above. For this condition to be fulfilled
it is not necessary that any long-lived intermediate
be formed; it may well be sufficient that the at-
tachment of the molecules last only for a period
comparable with the time of a vibration. The col-
lision theory has, as yet, not provided a means for
the quantitative calculation of such a frequency
factor. In general, it may be said that the ideas
presented here require that both 1011 and 107 be
considered “normal” values for the frequency fac-
tor. The first value can be expected to apply to
reactions of atoms, quenching of fluorescence, or
any reaction which requires nothing more specific
than that the reactant molecules come within a dis-
tance of the order of a molecular diameter of each
other. The second value should be found when-
ever there is need for any highly specific orientation
of the reacting molecules. For example, in the ser-
ies of reactions discussed by Dorfman and Gomer,
the methyl radical and the organic molecule may be
thought of as being temporarily bonded in the ac-
tivated complex by the hydrogen atom which is to
go with the methyl radical to form methane.

It has been found that bimolecular reactions in
solution have frequency factors similar to those
found in the gas phase. This fact has been dis-
cussed extensively by Moelwyn-Hughcs3 in con-
nection with the collision theory of reactions in sol-
ution. Few data are available for reactions which
follow simple bimolecular rate laws, both in the gas
phase and in solution. A search of the literature
reveals three examples: (1) the dimerization of cy-
clopentadiene4; (2) the conversion of para- to
ortho-hydrogen by oxygen6; (3) the reaction of
iodine atoms with ethylene iodide.6 The values
obtained for the constants of the Arrhenius equa-
tion for the first of these reactions are listed in Table
.

Table |

Constants for the Reaction

Dimerization Dissociation

Medium log A E, kcal. log A E, kcal.
Gas 6.1 16.7 13.1 35.0
Pure liquid 5.7 16.0 13.0 345
cci4 5.9 16.2
cs2 5.7 17.7
Benzene 7.1 16.4
Parffian 8.1 17.4 13.0 34.2

The second reaction has been studied at only
one temperature in solution and found to have the
same value for the rate constant as in the gas
phase. The third reaction is one of the slops in the
decomposition of ethylene iodide, which is found to
follow the same mechanism in solution and in the
gas phase, and the constants arc found to be the

(3) E. A. Moelwyn-llughcs, “ Kinetics of Reactions in Solution,”
Oxford University Press, 1947.

(4) A. washerman, cl al., Nature, 137, 496 (1936); J. Chem. Sor.,
1028 (1936); Nature, 139, 669 (1937); Trans. Faraday Soc., 34, 128
(1938).

(5) L Parkas and Il. Saehsse, Z. physik. Chem., B23, 119 (1933)

(6) M. J. Polissar, J. Am. Chem. Soc.. 52, 956 (1930).
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same in both phases within the limits of experi-
mental error.

Recently some experiments have been carried out
at the University of California in which the rate of a
bimolecular reaction was studied in the gas phase
and in solution in overlapping temperature ranges.7
The reaction studied was that between carbon tet-
rachloride and photoactivated /?-naphthylamine.
Since the reaction was followed by the decrease in
fluorescence of the d-naphthylamine, it will be re-
ferred to as the quenching of the fluorescence, al-
though there are grounds for believing that the ac-
tual reaction involves more change than such a
statement implies.8

Both the fluorescence and its quenching depend to
some extent on the frequency of the exciting light
in the gas phase but are independent of it in the
liquid phase. This fact can be explained by saying
that in the liquid phase the excited molecules are
brought to the lowest vibrational level of the upper
electronic state before they can react with another
molecule or fluoresce; in the gas phase several vi-
brational levels are involved. In order to compare
the rates of the same process in the two states it is
necessary to study the rate of quenching in the gas-
eous state for molecules in the lowest viorational
level of the upper electronic state. This was ac-
complished by introducing ethane or cyclohexane
vapor, substances which can remove vibrational
energy but do not return the photocxcited molecule
to its lowest electronic state. The results for the
gas phase given in Table Il are the limiting values
reached with high pressures of the inert gas. The

Tabre Il

Constants for Naphthylamine CC14

Medium Rate constant

Gas 5.9 X 10D -9.7
Cyclohexane 45 X @ = -7.2
Isodctane 2.0 X 10" e~1°/,r 8.8

entropies of activation listed in the last column have
been calculated assuming that the transmission co-
efficients are unity. It is apparent that there is no
significant difference between the values listed. In
each case the observed entropy change is reason-
ably consistent with the assumption that the only
condition imposed in forming the activated complex
is that the two molecules must be at some definite
distance from each other. The activation energies
are not under discussion in this paper, but it might
be mentioned that they are somewhat smaller than
the values found for viscosity in these solvents.

The results which have been cited show that in
an inert solvent the frequency factor for a bi-
molecular reaction is not significantly different from
what it is in the gas phase. The slight variations
which exist might well be due to the solvent not being
completely inert. The slightly higher values found
for solutions in the quenching of the fluorescence of
d-naphthvlamine may also be explained from the
point of view of the collision theory as being caused
by a limitation of the space available for the solute
molecules, thus, giving rise to an effect much like
that which is provided for in the van der Waals

(7) 1l. G. Curme, Ph.D. Thesis, University of California, 1950.
(8) The experimental details are to be published elsewhere.
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equation by the introduction of the correction term
b to the volume.

The data which have been cited offer a possibility
for estimating the magnitude of the caging effect
on the decomposition of a molecule which was dis-
cussed by Franck and Rabinowitch.9 According
to their hypothesis the rate of decomposition of a
molecule into two parts should be decreased by a
solvent, since the solvent molecules would tend to
hold the parts t-ogether and thus favor recombina-
tion rather than separation. We have seen that
the solvent has relatively little effect on the rate
with which the molecules come together. There-
fore, if the solvent does not form a solvate with the
addition product and thus alter the equilibrium, the
principle of microscopic reversibility requires that
the rate of decomposition cannot Ix) affected appre-
ciably. In the case of the decomposition of the
dimer of cyclopentadiene the rate has been meas-
ured in two condensed systems, and it is apparent
from an inspection of Table | that, the solvent does
not retard the decomposition significantly. Since
this system involves a rather large molecule, it is
not likely that this caging effect is ever of great im-
portance. It is more reasonable to attribute any
significant alteration of the rate (or efficiency) of
dissociation in passing from the gas phase to solu-
tion to the formation of a solvate which essentially
changes the reaction.

Reactions involving ions cannot be studied both
in the gas phase and in solution, but they can be
used to study a number of other factors which in-
fluence the frequency factors in solvents. One of
these is the effect of the change in solvation which
occurs when two ions react. According to theo-
retical treatments which have been published the
frequency factor should change by a factor of 100
for each unit change in the value of the product of
the charges of the reacting ions. The data shown in
Table 111 are usually citedDin support of this rule.
The agreement between the calculated and observed
values is reasonably good for the first four exam-
ples, but the others deviate too much. The magni-
tude of the disagreement between theory and ex-
periment is particularly noticeable if one consid-
ers that the experimental values for the last five
examples vary over a range covered by a factor of

Table 111
Entropy Factors o o R eactions
Caled./
Reaction Caled. Obsd. obsd.
Ci-(IEO)6m + + oxs 106 10« 1
Co(x h 36Bi,++ + on - 101 2 X to4 Vi
XH,+ + CNO- 102 0.6 16
erndxcicocH !+ + ci- to2 0.8 12
cio- + cio2- 102 4 X 10-~5 250
CelTC :0000- + 1I,- 10-= 7 X 10“6 1400
CHoCICOO- + SO to-4 6 Xx 107 160
Co(XH Br + HS++ 10-a 6 x 10"6 1.6 X 10-~3
As03 + TeOj— 1()-'2 10~7 1Q-5

(9) J. Franck and E,
(1934).

(10) Moelwyn-Hughes derived an equation which leads to such
a value (Proc. Roy. Soc. {London), 155A, 308 (1936)) from the collision
theory point of view;

Rabinowitch, Trans. Faraday Soc., 30, 120

the absolute reaction rate point cf view has
been presented in books such as Laidlers “Chemical Kinetics,”
McGraw-Hill Book Co., Inc., New York, N. Y., 1950, p. 133.
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four hundred, whereas the theory calls for a varia-
tion of a factor of one hundred million. There is
probably no simple explanation for these deviations
since the observed effects are both higher and lower
than the theoretical. It is possible that the origi-
nal investigators of these reactions have presented
over-simplified interpretations of their data, but
similar deviations show up in such simple systems
as are found in the study of the quenching of fluores-
cence. A comparison of the quenching of quinine
in acid solution by chloride ion, of acridone by io-
dide, and of uranin in alkaline solution by iodide
shows that, according to the theory, the relative
entropy factors should be 104 1and 10_4. Experi-
mentally, they arc all approximately the same.
The entropy decrease associated with the formation
of the activated complex is about 2 or 3 in each of
these reactions. This small value might be taken
as evidence that in these cases the measured entropy
change is the one associated with a diffusion proc-
ess. However, it was shown by Rolleison,11 by a
study of the temperature coefficients of the con-
stants in the equation for the deviations from the
Stern-Volmer quenching law derived by'Boaz and
Rolleison, that for the reaction of acridone with
iodidel2 the entropy change for the bimolecular
quenching process was the same as that involved in
getting the two molecules into the same solvent
cage. It seems, therefore, that it may be possible
for the activated complex to be formed in some
systems without any great changes in the restraints
imposed on the solvent by the charges.

The discussion up to this point has assumed that
the transmission coefficient which appears in the ab-
solute rate theory equation for the rate constant is
unity. Although this condition is probably ful-
filled in many cases, it is not necessarily true and
some of the discrepancies between theory and ex-
periment shown in Table 111 may be due to a devia-
tion of this factor from unity. One condition
which might lead to a small transmission coefficient
is the restriction on transitions from a singlet to a
triplet state or vice versa. However, in general,
this selection rule is inclined to break down in a
collision process. In the reaction between (3-
naphthylamine and carbon tetrachloride, which
has been mentioned previously, there is a possibil-
ity that the quenching action involves a transfer of
the naphthylamine molecule from an excited sing-
let state to a triplet state. In order to test this
idea some experiments were carried out in a rigid
solvent in which the triplet state could be detected
by its phosphorescence. It was found that when
the fluorescence intensity was reduced to about half
its initial value the phosphorescence intensity was
increased noticeably. No tests were made to de-
termine whether or not the triplet state was also
deactivated by the carbon tetrachloride, but the
experiment as it stands is sufficient to show that the
singlet-triplet transfers occur with a frequency
which is at least comparable with any other changes
which may occur. It is, of course, possible that
there are other quantum restrictions which play a

(11) Unpublished results presented at the meeting of the American
Chemical Society held in Detroit, April, 1950.

(12) H. Boaz and G. K.
(1950).

Rollefson, J. Am. C/iem. Soc., 72, 3435
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part in some of these reactions, but, at present there
is no experimental evidence concerning them.

The considerations which have been presented in
this paper offer a possibility of extending the re-
marks of Rollefson and Boaz13 to account for the
extreme specificity so often found in the study of
the quenching of fluorescence. In their discussion
it was pointed out that a high degree of specificity
could be accounted for if the quenching consisted of
a transfer of energy between the reacting molecules
only when the quencher molecule has an energy
state separated from the lowest state by approxi-

(13) G. K. Rollefson and H. Boaz, T his Journal, 52, 518 (1948).
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mately the same amount as the excited state of the
fluorescer differs from a lower state of the molecule.
Under such conditions the transfer can occur if the
molecules merely come close to each other; i.e., the
entropy of activation would be about —10. If this
condition is not fulfilled, the quencher can still re-
move energy from the fluorescer, but in order to do
so they will have to essentially form an addition
compound and thus fulfill the condition lor which
the entropy change is —30. Such a change will re-
duce the quenching constant by a factor of 104and
thus put it below the range which can be studied by
the usual type of experiment.

ADSORPTION OF CARBON DIOXIDE BY GLASS

By John B Thompson,lE. Roger Washburn and L. A. Guildner2
Avery Laboratory, University of Nebraska, Lincoln, Netraska

Received November Id, 1961

The continued interest in the adsorptive properties of glass has given rise to the present study of low temperature CO»
adsorption on some commercially available kinds of glass. The present, report includes Pyrex wool and two kinds of “ Scotch-

lite” brand glass beads.

In the course of this stud.v, an extreme case of capillary condensation was encountered, the effect

of etching the glass was studied, and some data on the effect of water on C02adsorption was obtained.

Experimental

The small surface areas of the adsorbents required an ap-
paratus wit h which accurate measurements of small adsorp-
tions could be obtained at pressures up to atmospheric.
The apparatus, which is shown m Fig. 1, is essentially a
U tube, one arm of which is one meter long and the other
arm about 40 cm. The two arms form an absolute pressure
manometer, a vacuum being maintained in the long arm by
Germann’s method.3 The short arm, in a water jacket, is a
gas buret of variable volume. The advantage of using a
uniform tube instead of the conventional series of bulbs is
that the pressure in the tube is continuously variable. The
mercury levels were read to the nearest 0.05 mm. with a 1-
meter cathetometer. The short tube was volumotrically
calibrated in terms of cathetometer readings from the weights
of discharged mercury.

The apparatus is operated in the conventional way:
after the adsorbent is degassed, stopcock A is closed, gas is
admitted to the gas buret, and stopcock B is closed. Three
or four readings of the mercury levels are then made with
the gas in the short tube at various pressures. Stopcock A
is then opened and the adsorption measurements are made
in the usual way. Dead space values were determined with
helium.

With the present apparatus, good accuracy may be ob-
tained even when the ratio of gas adsorbed to gas in the
dead space is as low as 0.1, as was the case with the un-
etched type 520 glass beads. Relative adsorption may be
measured when the ratio is as low as 0.005, (lie absolute
accuracy in this case being limited by the experimental
error in dead space determination.

The results of the adsorption measurements were calcu-
lated using the equation of state

PV(\ + ZP) = nli'P
where IJ, V, n, Itand T have their usual meanings and Z is

a function of temperature. For CO» at 25°, Z = 0.00000774
when P is expressed in mm. of mercury, and at —78°, Z —

0.0000329. These values of £ were calculated from den-
sity data of CO,. For helium, Z was assigned the value
zero.

(1) K.1.du Pont de Nemours and Company. Research Fellow, 1950-
1951.
Wilmington, Delaware.

(2) Franklin E. and Orimla M. Johnson Fellow, 1918-1949.
ent address:

Present address: E. |I. du Pont de Nemours and Company,
Pres-
Massachusetts Institute of Technology. Cambridge,
Mass.

(3) A. F. O. Germann, 1in. Chem. .sor., 36, 2450 11914).

The 00» was generated from Dry lcc and dried with An-
hydrone or Drierite, from which other gases had been re-
moved by repeated evacuation and flushing with C02

Adsorbents. 1.—"Scotchlitc” brand glass beads type
520: This material is a high density glass supplied in the
form of microspheres by the Minnesota Mining and Manu-
facturing Company. According to the manufacturer, these
sphores have fire polished surfaces and have not been sub-
jected to the etching action of water. It may therefore
be expected that the surface of the material is smooth enough
that the geometric area would be in good agreement with
the area determined by gas adsorption. This expectation
was fulfilled as discussed below.

2. —"“Scotchlitc” brand glass beads type 120: This
material is a lime-soda glass in the form of fire polished mi-
crospheres.

3. —Pyrex wool: Pyrex brand glass wool (Owens-Corning

Fiberglass Corp.) Catalog Number 800 was used.

Results

1 Unetched Adsorbents. Type 520 Beads.—
These beads gave S-sfiaped CO» adsorption iso-
therms at temperatures from — 77.0 to — 77.6°.
Experimental error obscures the temperature de-
pendence of the isotherms in this range. The re-
sults of five isotherm determinations are- shown in
Fig. 22 The simple (two constant) Brunauer,
Emmett and Teller equation4 applied to this ad-
sorbent gives a linear plot for relative pressures
less than about 0.2. The specific surface area cal-
culated by the BET method is 0.158 square meter
per gram using the value 17.0 A.2 per molecule for
CO25 It is interesting to note that the surface area
calculated from Emmett and Brunauer’s point B°
is 0.16 square meter per gram, a value which is in
reasonable agreement with the BET value.

The specific surface area calculated frem the size
distribution of the beads and their density is 0.151
square meter per gram. The size distribution was
determined from samples totaling 392 beads with
the results shown in Fig. 2. While this small a

(4) S. Brunauer, P. H. Emmett and E. Teller, ibid., 60, 309 (1938).
(5) P. H. Emmett and S. Brunauer, ibid., 59, 1559 (1937).
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count of the beads cannot give a highly accurate
value for the geometric surface, we feel that it is
nevertheless sufficient to establish the fact that the
geometric surface and the surface determined from
adsorption data are equal within the limitations of
the BET method. In other words, the adsorbent is
approximately smooth on the molecular scale, at
least with respect, to C02molecules. The geomet-
ric surface was calculated by the equation

=62nd2 _ 1
2nd3  density

where s is the specific surface area and n is the
number of beads having a mean diameter d.

The adsorbent was degassed at 150 to 180° foi-
Is hours initially and between determinations.
Some gas was still being evolved at the end of these
degassing periods while the adsorbent was hot, but
the evolution ceased when the adsorbent was cooled
below-about 60°.

Type 120 Beads.—A further study of degassing
conditions was made on the Type 120 glass beads.
This adsorbent contains considerable water, which
was observed to condense in the gas buret when the

John B. Thompson, E. Roger Washburn and L. A. Guildner
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RELATIVE PRESSURE.

Fig. 2.—Type 520 glass beads; size distribution and COs
adsorption isotherm.

glass tvas heated in the adsorption cell with the
vacuum pump shut off.

Curve A is the C0O2isotherm at —78° obtained
after degassing the adsorbent 1 hour at 70° and 17
hours at 25° at 10-1 mm. pressure. The surface
water remaining after this treatment results in a
relatively large C02 adsorption. Curve B is the

RELATIVE PRESSURE.

Fig. 3.—Type 120 glass beads: size distribution and CO:
isotherms showing the effect of water on CO: adsorption and
the effect of water diffusing to the surface of superficially
dried glass.
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C02isotherm obtained after further degassing at 40
to 50° for 18 hours. The smaller adsorption after
this treatment we ascribe to the partial depletion of
the surface water under these degassing conditions.
Curve C is the C02isotherm obtained after evacu-
ating the sample to 10_4 mm. at 25° and allowing it
to stand without further pumping overnight. The
increase in adsorption over the previous amount is
due to an increase in the amount of surface water as
a result of outward diffusion of water dissolved in
the glass. Curve D is the C02isotherm obtained af-
ter degassing 18 hours at 170-180°. This treat-
ment removes nearly all the surface water and the
CO02adsorption is only 1.7 times that calculated for
the geometric surface of the sample. This factor
of 1.7 may be due either to roughness of the surface
or to water not removed by the 180° degassing.
The loss in weight due to the degassing amounted to
about 0.22 wt. %.

The fact that the middle portions of the isotherms
are of the same shape, differing only in vertical dis-
placement, indicates that a given amount of surface
water takes up a constant amount of C02 above
relative pressures of about 0.2 or less. The process
by which this C02is'taken up may be regarded as a
chemical combination of C02and the surface water
phase or as a case of chemisorption of C02by water.
The remainder of the C02is held by physical ad-
sorption which is approximately equal for dry glass
and for the water-C02 surface presented by wet
glass. It is more than possible that the rate of
diffusion of water through a glass membrane may
be measured by the influence of water on the adsorp-
tion of C02

Pyrex Wool.—This adsorbent gives a CO02 iso-
therm at —78° which is everywhere convex to the
pressure axis, the familiar Type 11l isotherm.
However, during determinations of the isotherm,
it was frequently observed that extremely large
amounts of CO02 disappeared from the gas phase,
only to reappear after a short time. The small ad-
sorption, referred to hereafter as normal adsorption,
was always less than about Vi of a molecular layer
(based on geometric surface) up to relative pressures
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of 0.82, while the large adsorption, hereafter called
abnormal adsorption, occasionally was equivalent
to 30 molecular layers at relative pressures as low
as 0.62. The abnormal adsorption could not be
made to take place in a reproducible manner, but
started to occur as the relative pressure was in-
creased to values, different for each determination,
greater than 0.6. Normal adsorption could often
be obtained at relative pressures less than 0.8, but
attempts to further increase the pressure while nor-
mal adsorption was being observed always resulted
in abnormal adsorption.

The abnormal adsorption is thought to be not
true adsorption but rather capillary condensation
of C02in the interfibriliar spaces of the Pyrex wool.
The Kelvin equation for capillary condensation
does not, however, account for the amount of C02
condensed, giving values of only about vico of that
observed even assuming the fibers were hexagonally
close packed so as to give the maximum capillary
space, which they were not.

Etched Adsorbents.—Samples of both types of
glass beads were allowed to stand with occasional
stirring in carefully purified water at room tem-
perature for 33 days. The samples were then
filtered, washed and air dried at room temperature
for 8 days. CO02isotherms at —78° were then deter-
mined for the samples, which were degassed 18
hours at 15(D170° initially and between determina-
tions. The initially determined (Type I1) iso-
therms agreed with those made after further de-
gassing, indicating that the increased adsorption
observed was not due to incomplete removal of
water. The adsorption by etched Type 520 beads
was 21 times that of an equal weight of untreated
beads. The adsorption by etched Type 120 beads
was 12 times that of the untreated beads. The in-
creased adsorption by the etched beads was taken
to indicate an increase in surface area as the result of
etching by water. Analysis of the filtrates from the
etched samples and microscopic examination of the
samples indicated that no important increase in
specific surface resulted from a decrease in size of
the spheres by the solvent action of water.
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IONS BY HYDROUS FERRIC

OXIDE AT EQUILIBRIUM

By J. E. Duval and M. H. Kurbatov
Departent of Chenistry, The Chio State University, Coluntus 10, Chio

Received November 30, 1951

A study of the adsorption of barium and cobalt, ions in quantities less than 10-8 gram atom per 30 ml. of solution was pur-
sued with the purpose of effecting the separation of these elements as they appear in radioactive forms after activation of

stable isotopes or in fission and spallation nuclear reactions.

The behavior of these divalent ions in such extreme dilution,

with respect to adsorption phenomena at equilibrium, was investigated in order to verify the previously derived adsorption

equation.
two being as high as four in some cases shown.

It was found that under comparable conditions cobalt isadsorbed to agreater extent than barium, the ratio of the
The amount of cobalt or barium adsorbed at equilibrium increases with pH

and quantity of adsorbent in a manner consistent with the law of mass action, when the pH of the solution is above 6.5 to 7.0.
At pll less than 6.5 to 7.0 the adsorption of cobalt is greater than expected from the simplified mass law equation, in which

the effect of anions, such as chloride, is considered constant.

Barium and cobalt ions which occur together in low concentra-

tion in fission products can be separated from one another only partially by adsorption on hydrous ferric oxide.

Introduction

The adsorption of ions by hydrous ferric oxide
has been used as a means of preparing carrier free
samples of radioactive species of high specific activ-
ity. Samples in which there is a high ratio of the
number of radioactive atoms to the total number of
isotopic atoms are important for: (1) studies of
the radiations from the species themselves, (2)
tracer experiments in chemistry, medicine, biology,
etc., (3) determining the behavior of ions at such
low concentrations that the interactions between
these ions themselves are negligible.

In this paper is presented a study of the adsorp-
tion of cobalt and barium ions by hydrous ferric ox-
ide at equilibrium. These experiments were per-
formed to determine the relative extent of adsorp-
tion of cobalt and barium ions and to show that
their adsorption follows the law of mass action.
The amount of material adsorbed was determined
by radioactive tracer methods, utilizing cobalt-60
and barium-133.

Tracer Preparation.—The cobalt used in these experi-
ments was a mixture of cobalt-60 and cobalt-59, obtained
from the Isotopes Division of the Oak Ridge National
Laboratory. It was prepared by neutron pile activation of
spectroscopically pure cobalt-59.

The barium used was barium-133, 7'i/i = 38.8 hours,
which was obtained by deuteron bombardment of spectro-
scopically pure cesium chloride in The Ohio State University
cyclotron. The barium produced was separated by adsorp-
tion on hydrous ferric oxide.

The target was allowed to stand for three hours, after
activation, to permit the decay of 38-minute chlorine-38.
The target material was then dissolved in about 25 ml. of
dilute hydrochloric acid, and this solution was concentrated
by evaporation to about 5 ml. Five milliliters of 0.01 M
ferric chloride was added, and the solution was made strongly
basic with ammonia. Adsorption of barium by the precipi-
tated hydrous ferric oxide was allowed to proceed for one
hour, after which the solution was filtered. The precipitate
was washed with ammonium chloride-ammonia solution to
removi' monovalent ions. After the precipitate had been
washed, it was dissolved in concentrated hydrochloric
acid.

The ferric chloride solution containing barium was
evaporated to dryness, and the residue was dissolved in
hydrochloric acid. The solution was then titrated to pH
55 with 0.1 N ammonium hydroxide. Hydrous ferric
oxide was precipitated at this pll, but it adsorbed only a
small fraction of the barium (less than 1%). The solution
was filtered, and the precipitate was washed with a dilute
ammonium chloride solution the pH of which was 5.3.

The filtrate was evaporated to dryness, anil the ammonium
chloride in the residue was sublimed. Traces of cesium were
removed by a repetition of the adsorption procedure.

The barium was finally obtained as a solution of barium
chloride in 0.01 N hydrochloric acid. The concentration of
barium ions was estimated to be less than 1 X 10“9gram
atom per 2 ml.

Adsorption Procedure.—All adsorption experiments were
conducted with a constant chloride ion concentration in
solution of 2.79 X 10-1 gram atom, a final volume of solu-
tion after titration of 32 + 0.3 ml., and at room tempera-
ture, about 27°.

Samples were prepared which contained 2 ml. of ferric
chloride solution of desired strength and 2 ml. of tracer.
Varying amounts of triply distilled water and 0.01 N hydro-
chloric acid were added to the samples in order to keep the
final volume and the chloride ion content constant. The
samples were prepared in outside ground weighing bottles.
Immediately after the samples had been titrated to various
pH values, they were stoppered, and the adsorption of
barium or cobalt ions by the coagulated hydrous ferric
oxide was allowed to reach equilibrium. The adsorption
time was about 50 hours.

After the adsorption had reached equilibrium, the bottles
were opened, and 5-ml. portions were pipetted from the
supernatant liquid. These were evaporated to dryness in
small dishes, and the activities were measured by means of
a mica end-window Gciger-Miiller tube. Since the amount
of activity used per sample and the total volume were
known, the amount of tracer adsorbed (?/), anil the amount
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Table |
pH E ffect: Cobalt
Constant factors: cobalt, 2.8 X 10-9 gram atom; chloride, 2.79 X 10~4gram atom; volume, 32.1 + 0.2 ml.
Experiment A Experiment B Experiment C
Fe, 4 X 10“6gram atom Fe, 4 X 10“6 gram atom Fe, 60 X 10“6gram atom
pH y/N\ —y Adsorbed, % pH y/l —y Adsorbed, o pH y/l —y Adsorbed, %
5.50 0.45 4.3 6.90 0.18 15.0 5.50 0.07 6.8
5.90 .56 5.4 7.20 31 22.9 0.02 .10 8.9
6.40 A1 10.0 7.50 .99 49.7 6.50 .26 20.7
7.00 .23 18.9 7.80 2.18 68.6 6.90 91 47.5
7.54 1.20 54.6 8.00 4.38 81.4 7.30 4.00 80.0
8.30 5.52 84.7 7.62 10.20 91.1
7.91 30,20 96.8
8.20 92.20 98.9
Barium
Constant factors: barium, 1 X 10 9gram atom or less; chloride, 2.79 X 13-4 gram atom; volume, 32.1 + 0.2 ml.
Experiment D Experiment E Experiment F
Fe, 4 X 10“6gram atom Fe, 20 X 10-Ggram atom Fe, 60 X 10 _cgram atom
pH y\ —y Adsorbed, % pH y/l —y Adsorbed, 70 pH y/I —y Adsorbed, %
7.51 0.15 13.2 7.51 0.32 24.0 7.53 1.01 50.1
8.01 .34 24.8 7.99 1.28 56.1 7.90 2.47 71.1
8.51 .88 46.8 8.51 3.98 79.9 8.31 '6.49 86.7
9.03 1.78 64.0 9.02 12.22 92.5 8.67 16.50 94.3
9.00 45.50 97.9
Tabre Il

Effect of Adsorbent Quantity

Cobalt

Constant factors:: cobalt, 2.8 X 10 9gram atom; chloride, 2.79 X 10~4

gram atom; volume, 32.0 = 0.2 ml.

Experiment G, pH 6.8

Experiment Il, pH 75

Barium
Constant factors: barium,
1 X 10-¢ gram atom or less;
chloride, 2.79 X 10-J gram
atom; volume, 32.0 +0.1 ml.
Experiment J, pH 7,5

Fe Fe Fe

fg. atoms (g. atoms (g. atoms

X 106) y/l —y Adsorbed, % X 106) y/l -y Adsorbed, % X 106 y/l —y Adsorbed, %
4 0.12 104 4 0.81 447 4 0.12 10.9
6 17 14.3 6 1.20 54.7 6 .15 12.7
10 .23 18.9 8 1.48 59.8 10 21 17.2
20 A1 27.2 10 1.07 62.0 20 .39 27.8
60 91 47.5 20 3.44 77.5 60 .72 41.8

60 10.24 91.1

not adsorbed (1 —Y), were calculated from the activity of
the 5 ml. of solution.

The procedure used to study the effect of varying quanti-
ties of adsorbent was the same as for the pH effect shown
above, except that the quantities of adsorbent were varied,
while the pH of the samples were constant.

Adsorption Results

Results of the adsorption experiments are given
in Tables I and Il. In addition the data of Table |
have been plotted in order to show the nature of the
curves. The fraction Y/(1 — Y) is the ratio of the
guantity of tracer adsorbed to the quantity unad-
sorbed at constant volume. It is related to the pH
and quantity of adsorbent by the previously de-
rivedl2equation

K=_Ux (ifo+x

1 —Y (adsorbent)*

This equation results from the treatment of the ad-
sorption system as a cation exchange system in
equilibrium which follows the law of mass action
when the activities of the ions in solution are their
molar concentrations and when other ion concentra-
tions, such as chloride, are effectively constant. It

(1) M. H. Kurbatov, Gwendolyn B, Wood and J. D. Kurbatov,
T his Journal, 55, 1170 (1951).
(2) M. H. Kurbatov, G. B. Wood and J. D.

Phys., 19, 258 (1951).

J. Chem.

Kurbatov,

can be seen from the equation that if the quantity
of adsorbent is maintained constant, a plot of log
y/{1 —y) vs. pH should give a straight line provided
the volume and chloride ion concentrations are con-
stant. likewise, if the pH is maintained constant,
a plot of logy/ (1 —vy) vs. log (gram atoms of iron)
should also produce a straight line.

These experiments indicate that, (1) the adsorp-
tion of barium and cobalt follows the law of mass
action. The curves obtained by plotting y/(1 —
y) vs. pH or quantity of adsorbent are straight lines
over most of the region studied. The fact that the
straight line portions of the curves for either cobalt
or barium are not of the same slope but that the
slopes are increased when the quantity of hydrous
oxide is greater, is taker, to indicate that the actual
quantity of adsorbent depends not only on the
quantity of hydrous oxide precipitated but upon the
pH as well. This is consistent with the view that
the adsorbent is both an anion and a cation ex-
changer, and that the nature and quantity of anion
affects the quantity of cation adsorbed.1

@
A and C, respectively, die adsorption does not fol-
low the equation. Possibly, under these conditions
the adsorption becomes more strongly dependent on

For cobalt below pH 7 and 6.5, experiments
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other factors such as chloride ion concentration
than it is at higher pH.

(3) Cobalt is adsorbed to a greater extent than
barium under comparable conditions, the ratio be-
tween the two being as high as four in some cases.
In experiment B at pH 7.50, 49.7% of the cobalt was
adsorbed, while in experiment D at pH 7.51, 13.2%
of the bariumwas adsorbed. In experiment 11 with
the quantity of adsorbent 4 X 10-6 gram atom, the
adsorption of cobalt was 44.7%,, while in experiment
J with this same quantity of adsorbent the adsorp-
tion of barium was 10.9%. Despite this difference
in per cent, adsorbed, barium and cobalt which oc-
cur together in low concentrations in fission prod-
ucts cannot be separated from one another to give
samples of high radioactive purity, since the amount
of barium adsorbed, while considerably less than
the amount of cobalt adsorbed, is still quite large.

(4) The relative extent of adsorption of cobalt
and barium is the. reverse of that reported by Kress-

MATHEMATICS OF ADSORPTION

LONGITUDINAL DIFFUSION

Leon Lapides and Neal R. Amundson

IN BEDS. VI

Yol. 50

man and Kitchener for the adsorption of these ions
on a phenol sulfonic acid resin.3 They indicate
that the extent of adsorption of cobalt is determined
by the ion association of cobalt ions and a “primary
determining factor, which may or may not be ionic
size.” In the case of adsorption on hydrous ferric
oxide, it is believed that a more significant factor is
the weakly basic character of cobalt, that is, the hy-
drolysis of cobalt ion is a controlling factor in its
adsorption by the very weakly acidic adsorbent,
hydrous ferric oxide. Cobalt and barium ions are
adsorbed on hydrous ferric oxide in the reverse
order of the basicities of their hydroxides.

The support of this research by the Development
Fund of The Ohio State University and grants re-
ceived through the Graduate School from the Re-
search Foundation are gratefully acknowledged by
the authors.

(3) T. R.
(1940).

1% Kressman and .1. A. Kitchener, J. Chem. Sor., 1201
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The effect of longitudinal diffusion in chromatographic and ion exchange columns is considered. Calculations made under
the assumption of pointwise local equilibrium show that sharp boundaries are smoothed out., thus casting some doubt on the

column method for determining isotherms.
is also solved and this solution is a new one.

Of the many factors which may determine the
dynamic behavior of an adsorption column, the
effect of diffusion has received the least attention.
The diffusional effects may manifest themselves,
in general, in three ways under the most simple
assumptions. If there is a resistance to mass
transfer between the fluid and solid, it is usually
assumed that this is a diffusional phenomenon.
If the particles used as adsorbent are of some size
and if the whole particle is to be used effectively, it is
necessary that the adsorbate diffuse through the
fluid in the intraparticle volume before adsorption
can take place inside the particle. These two effects
have already been considered by the writers.3 The
third effect, that of longitudinal diffusion in the
interparticle fluid, was considered partially by Glue-
ckauf, Barker and Kitt,4and it is the purpose of this
paper to generalize and extend this work. Longi-
tudinal diffusion causes a flow of adsorbate which
is superimposed upon the convective flow of fluid
through the column. Physically, it is clear that
diffusion will tend to smear out sharp adsorption

(1) Presented at the X IlIth International Congress of Pure and Ap-
plied Chemistry, New York, N. Y., Sept. 13, 1951,

(2) Forrestal Research Center, Chemical Kinetics Division, Prince-
ton University, Princeton, New Jersey

(3) P. R. Kasten, L. Lapidus and N. R.
nal, 56, 683 (1952).

(4) E. Glueckauf, K. H. Barker and G. P, Kitt, Discussions of the
Faraday Soc.t No. 7, 199 (1949).

Amundson, This Jour-

The problem in which the local rate of removal follows a first order kinetic law

bands formed in the column and this is substanti-
ated by the calculations.

Certainly longitudinal diffusion will be a small
effect on the total flow of adsorbate through the
column. This brings up, however, a rather inter-
esting conflict on the basic character of chromato-
graphic analysis. The early theory of chromatog-
raphy assumed that equilibrium between adsorb-
ent and adsorbate solution was immediately estab-
lished. Later work showed that this required an
extremely small rate of flow through the column,
in which case the effect of diffusion becomes more
pronounced. On the other hand, if flow rates are
high the equilibrium theory becomes questionable
and some rate process must be used for the local
adsorption mechanism.

It is assumed here that a column of u lit cross
sectional area is packed with a finely divided ad-
sorbent such that the interparticle volume is filled
with solvent or solution. The column may have
an initial adsorbate content on the adsorbent as
well as in the interparticle volume. At time zero
a solution, whose concentration may vary with the
time, is admitted to the column. It is desired to
know the concentration of the interparticle solution
and the adsorbate content of the adsorbent at any
time and at any position inthe bed. Let

concentration of adsorbate in the fluid
stream, moles per unit volume of solution

CcC =
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amount of adsorbate on the adsorbent,
moles per unit volume of bed as packed

v = velocity of fluid through interstices of the
bed
2 = distance variable along the lied
D = diffusion coefficient of the adsorbate in
solution in the bed
dX0 = concentration of solution admitted to the
bed.
c-(z) = initial concentration of solution in the
interparticle volume in the bed
«i(2) = initial adsorbate concentration on the

adsorbent

a — fractional void volume in the bed
Then on analyzing an elemental length of bed Az,
the equation

n dhe , he 14l
Udi2« dz+ d+ ad (D
results.

It is necessary to make some assumption con-
cerning the mechanism of adsorption, that is, the
local relation between cand n.  Although it would
be desirable to use a general relation of the form

o f
dt 0,e)

two special cases will be treated here
n = kKc+ k )
dn/dt = K\C — kin (24

The first implies that equilibrium is established
at each point in the bed while the second assumes
the rate of adsorption is finite. The second also
contains in it the special case of mass transfer at
the particle surface in which the equilibrium is
linear as assumed by Hougen and Marshall,6i.e.

dn/dt = Kic — ¥

where /q is a mass transfer coefficient and n =
Lye*. The additional relations

c=dit) whenz=01>0 (3)

rq:: r%’{\z‘) { whent=02>0 (4)

describe, respectively, the inlet fluid and the initial
condition of the bed.

The problem as stated above is the most general
one with the assumptions used here. One assump-
tion which is generally not valid but which has been
tacit in practically all previous work concerns the
character of the hydrodynamic velocity profile.
If the velocity profile is not uniform one would not
expect the concentration profile to be uniform.
Hence equation 1 is in error in not only neglecting
the hydrodynamic variations but also the con-
sequent concentration effects.

Equilibrium Case.— If pointwise equilibrium is
established in the column at each point, it is neces-
sary to solve equations 1, 2, 3 and 4. This is pos-
sible since the problem may be easily reduced to
problems which have already been solved. Details

of the solution are given in the appendix. The
solution is
c(-t) = r/i(D) + /(D)1lexp (2/; - IDj (5
(5) O. Hougen and W. R. Marshall, chem. Eng. Prog., 43, 197

(1947).

where
1.(D) =
2hedl S FPUIB) I (now)-
exp W ) ] ds (0)
and
(D) =

'V __ds
umexe iy 4Dt N,] {I- sfa

Special cases of equation 5 may be obtained with
ease. Suppose, for example, that cot] and c.(z')
are constants, D and ¢, respectively, then straight-
forward manipulation of the integrals produces

== HW ®)
where Via = vand
il

(I = ) +

.|||||||WS+meaV\ 1 )

where erf and erfc are the error and complementary
error functions, respectively.

From equations 8 and 9 it is seen that the con-
centration ratio is dependent upon two variables,
V/D and v/ya. In Fig. 1 equation 8 is plotted as
concentration ratio c/co versus v for z = 50 and with
values of V/D = 1, 2, 10 and 100 for ya = 5 and
ya = 25. Curves A, B, C and D are for decreasing
diffusivity with fixed velocity or for. increasing
velocity and fixed diffusivity. Hence as the ve-
locity decreases through the bed the sharp break-
through point which would normally be expected
tends to be smeared out. Curves E, F. G are for a
smaller value of ya and illustrate the effect of a
lower capacity adsorbent. In this case the effect
of diffusion is not as pronounced.

Fig. 1.—Plot showing the effect of longitudinal diffusion
for an infinite column in which equilibrium is established
locally. Initial adsorbate concentration is zero. Influent
concentration is rQ

It is well known that the solution for no diffusion,
D=20,is
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and hence the graph corresponding to Fig. 1 is a
step function, the steps occurring at v = 250 and
1250. The graphs in Fig. 1 are seen to converge
to these step functions.

A second special case of some interest is that one
in which the feed solution contains a pulse in com-
position. It is supposed the concentration is
from zero time to time t, after which it jumps to cm
and remains so after I. Let ¢, he zero for conveni-
ence"only. Equation 5 reduces to

r(z,)) = CaH(v) + (r,, - f,) H(v - =/
= MH(v) V< Y

r), r< v<

where Via = vwith H(v) defined in Equation 9.

Figure 2 contains plots of Equation 10 with the
same parameter values used in Fig. 1 and with v =
300 and db = 0. One can see here how the unit
pulse, expected for D = 0, is smoothed out by
diffusion and reduced to less than half its expected
value. In Fig. 3 the same equation is plotted with
Go = Co/2

Fig. 2—Plot showing the effect of longitudinal diffusion
for an infinite column in which equilibrium is established
locally. Initial adsorbate concentration is zero and the
influent solution has a pulse in concentration of cOof dura-
tion equivalent to 300 cc. of feed.

Fig. 3.—Plot showing the effect of longitudinal diffusion
for an infinite column in which equilibrium is established
locally. Initial adsorlxate concentration is zero and the in-
fluent solution has a pulse in concentration of co of duration
equivalent to 300 cc. of feed followed by a solution whose
concentration is Co/2.

Non-equilibrium Case.—The equilibrium as-
sumption is probably not realistic at flow rates com-
monly encountered. As a first approach the solu-
tion will be obtained for the system consisting of

Leon Lapides axd Neal R. Amundson

Vol. 56

Equations 1, 2', 3 and 4. The details will be pre-
sented in the appendix. The solution is

Vz
c(z) = 88 (15 + 15) (ID
where
) + AR —«)ar (12)
‘m- [> '< !
no =
U 2 . o-xd.
o PAKEU . gy v o M
(13)
and
-ty °I[HV,z - 8 -~ li'(tz + s)IA +
—s) —Htz + s)]Y (s (14)
Hta) =
NE Jp- —-d @7 (15)
Vi'"'-Ja M 5, < - *>_'|. Ay Vv*
X = B (9 &D 1e)
\5
Y = D «i(s) + a(gleD a7

where 70 is the modified Bessel function of zero
order.

Equation 11 is rather complicated to use, al-
though it contains only well tabulated functions.
The complexity of this solution is characteristic
of those problems involving fixed bed operation
when any but the most trivial assumptions are
made concerning the local mechanism. For the
special case ¢ = n\ = 0 and cO(t) = q, a constant,
equation 11 reduces to

If diffusion is neglected, this solution reduces to

¢ kz «

01 c_Va:cA -V),(Z’\?(,-;.) +

I <z/v
The above solution has been obtained by many
writers.

It is thus possible to obtain analytical solutions
to problems with linear isotherms or linear Ki-
netics; almost all effects may he taken into con-
sideration. It is of the utmost importance to ob-
tain experimental data to determine the pertinence
of these effects. It is essential also to obtain
experimental data on the hydrodynamieal charac-
teristics of flow through packed beds of solids.
Data for large particles are available, but data for
small particles are almost non-existent.

Note that these calculations assume a column
of infinite extent. The values shown in Figs.
1, 2 and 3 for c/c0 are not those of an effluent from
a column 50 cm. in length, but are the concentration
ratios 50 cm. from the inlet of an infinite column.
The corresponding problems for a finite column
have as yet been unsolved.
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Appendix

Equilibrium Case.—From Equation 2 and with the sub-
stitution

/Vvz VH \
C=gep{w ~4Dy)

Equations 1, 3and 4 may be written

D d2g _ ug
yd? ¢ d

g = o(j)exp "hen /= o0,z > o
/ u/2\

g = ca(l) exp whenz = o,t > o

where it has been assumed that c,(z) and n-fz) are equilib-

rium values. The system of equations may be split into
two problems

DVfi or Dot. g

7 or2 dt 7 dz2 dt

fi = a (z) exp

fi = o ,z =0 /> = co(t) exp (&BJ},Z =0

where it can easily be seenthat g = /1 + /s.

From Churchills the solutionfi is given by equation s and
from the same sourcer the solution f 2 may be derived to give
equation 7.

Mention should be made here concerning the calculations.
In equation 9 the product of an exponential and the erfc
must be taken. The erfc is always small while the exponen-
tial is large since the exponent may be as high as 5000.
This difficulty may be circumvented by using the asympto-
tic expansion for erfep).

v . _ 135
\F 23~ 225 i T 9

Non-equilibrium Case.—The equilibrium assumption is
probably not realistic at flow rates commonly encountered.
As a first approach the solution will be obtained for the sys-
tem consisting of equations 1, 2', 3and 4

erfe(.r) = x~2<u

de 1 dn
D XC =V b
dz2 gz dt a dt @)
dn _ \
o kic km (2"
= cQt) .whens = o,t>o0 3)
c=_Ci(z) ,whent = 0,2 > o (4)
n = m(z)

This system seems to be a new one so that its solution will
be discussed in some detail. The solution will tie obtained-
by the method of the Laplace transformation. The defini-
tion of the transforms will be taken as

b) [ _
L\c{Z .\q e Plc{z,t) 'dt = h(z,p) = h
in =X

LIn(z,)] = N(z,p) = N
The transforms of equations 1 and 2 are
D = v

a2 (52 cfz) + ;‘ [PAr - nfz)}

pN —n\{z) = kih —k°N

+ ph -

Elimination of N between these two equations gives

d2h v dh
D d2 D

h fap(p + fe) + pki~] _
a(p + Ao J

1[GQ + hHiZZ
1IC@ +  hHi@)
(6) R. V. Churchill, “Moderi: Operational Mathematics in Engi-

neering,” McGraw-Hill Book Co., Inc., New York, NY 1944, p. 117,
(7) Reference 6, p. 109.

This must be solved subject to the conditions
h = Llcoi)J = Alp)
h finiteasz —> ®

The latter condition ensures that the concentrations remain
finite for large z.
It is convenient, to make the change of variable

_Vz
y = he~2D
which reduces the above system to
Vz
dfy _ apefz) + ki[m(zk+ acfz)} 75 _
® altv 4 k) AT 1)
y = hgp), whenz = o
y = o ,whenz — >
where
_ i PP+ Ap + B
9 =p p + Kk
_ ED £ 4911 - ak2)
4 =
4D a
Lo V&
4p
This problem may be split into two others
d 2;ili D, , d2i6 =0
dz2 ~ gw = P(3) Yz =
A =o,whenz = o 1/5:h0(p),When2:0
A=o,whenz —> = w=o ,when 2 —>a

wherey = 2a + vyi

Consider ip first. The general solution may be written?

Vi = cier1+ C,c-2% + 4- fV (§sinhvg 2 - s)ds
0

a
Vgj

When: = 0, Ci = —Csand whenz —«+ &

C\ — — Mf P(s)e i'lil ds
ViR Jo
Therefore with a little manipulation
= Vg ><P(s)e 2/ sinh -\fgsds
2 : :
sinh yijgz ds
vd >

P(s)G(z,s) ds

where the Green'’s function G (z,s) is defined by

“Mginhv i s<

G(z,s) = Vg
e-sv7 Sinh vgz, s >

Vg

It is obvious that the solution for y2is

vz = A,(p)e-25
Us
Since h — y e-D, it is clear that the inverse transforms of
yxand y>may be taken directly. Now j&may be written in
the form

M
vz= 1 # )j N +MpPT7TTTi
Consider the quantity
e~,ra
V+ M

The inverse of this function is not available directly from
tables and its inversion by means of the inversion integral

(s) Kanike, “ Differentiiilgleii'hungen,” Chelsea Publishing Co., New
York, N. Y, 1948 p. €07.
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is beset with difficulties. However, by using a seldom used
operational form the answer may be obtained.
The Laplace transform of the function

XJO[zvX(i - x)]/(x) dz

where J Ois the zero-order Bessel function, is

where 4%@ is the transform of/('). (See reference 9, the
eighth formula on the page and note also the difference in
notation.) From this it is a simple matter to show that the
transform of

t
Jo [2\/aX{t — a)] f(X)(\x

Q"/"pA v

If one chooses for O(p)

) = e-k/p+d

"'ne/)

then

0= —— exp r—b>>/|g+
"oV+ L L N\

+ + U,+ AyZ +o
L R Ut vz

Therefore if one chooses

d=A-2n F2.K K

4D + a
-a =-B +kA+ K=+ Kl
k = ?2I\I73
then the inverse of Qis L \Q) = F(t), defined in Equation
13;I'he inverse of X is
k
2Viri3
Tt is somewhat natural to expect this latter function to
appear here since it occurred in the equilibrium case. Note

that F{0) — 0 so that the inverse of />may be written as a
convolution, as in equation 12.

e~u-d

(tt)y N. W. Mcl.achlan and Pierre Humbert, Mem. ties Science

Math.. 100, 12 (1941).
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In order to find the inverse transform of iji it is necessary
to consider the inverse P(S)G(z,5). P(S) may be written

PX P(s
p + k2 ( )
with X and Y defined in Equations 16 and 17.
Consider the function

R = ( (18)

1
+ - _
X+ F) Vgp+ k
with gindependent of P.  The inverse of this function may be
found bv [he method used on W, by taking if(p) to be

qVp+d

Vp +d
whose inverse is

-3z
4T

Vd

Hence the inverse of equation 18, omitting for the moment
the factor pX + Y, is given by equation 15.
Now H(0,q) = 0 so that the inverse of Uis

L-'(R) = XHV,<I) + YH{t,g)
with the prime denoting differentiation with respect to €
The quantity qused here needs some elucidation. From
the definition of the Green’s function (7(2,s) the following may
be written

erzasinh Vffs = N (e-'M*-*) - e-Vo<H+*>)

e sV'sinh XVZ =X (e-7SG-D _ e-Vi(»+*))
Therefore in taking the inverse transform above, must be
chosen successively as

1 AY _1_ 1_
Vn A _syVde+syVdr~~A'Vd o+
but. since Qappears only as (2in Equation 13 only two values
of g need be used

R=(@Z~sYD , @+ sY/D

Because of this fortuitous incident the Green'’s function has
an inverse which may be represented by a single expression
for all Zand is given in equation 14. It can be shown that,
this solution satisfies all the conditions originally set down
but these details will be omitted.

It may be rigorously shown that the solutions obtained
in this paper converge to the solutions obtained from the
equations when the diffusion is neglected, as 1) —=*0. This
has some mathematical interest.
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AN IMPROVED APPARATUS FOR THE STUDY OF FOAMSI1
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Foam drainage measurements on the five systems discussed here indicate that our apparatus gives useful results primarily
with rapidly draining films (Cg, sodium Oronite), in which, under the conditions studied, loss of liquid from the foam occurs
entirely by loss of water from the films of the intact foam. With slow-draining foams (eq, soaps), initial foam densities are
more erratic and foams collapse rather than drain, so that the present method of study is inapplicable. A more general (and
probably intrinsically more interesting) application of the apparatus is to foam composition studies, and results obtained
indicate that it can be used to determine surface concentrations on any system producing a stable enough foam with suffi-
ciently uniform bubble size. The results with sodium myristate and dodecylamine hydrochloride show that it is particularly
useful in determining surface concentrations of each component in polycomponent systems, and that, while absolute concen-
trations are subject to uncertainties in determining total film areas, relative surface concentrations may be determined
with precision depending only on the analytical techniques employed. Further studies are. in progress on both single- and

polycomponent systems.
a later date.

Introduction

Important physical properties of bulk foams such
as drainage of liquid from the foam, viscosity and
rate of bubble collapse appear to be determined
primarily by the nature and amount of surfactant
material concentrated in the surfaces of the bubble
films. Although calculation of this surface con-
centration is theoretically possible for systems con-
taining a single surfactant species from surface
tension measurements via the Gibbs equation, ex-
perimental verification has proved difficult.2 For
multicomponent systems, no adequate theory exists,
and direct measurements appear to offer the only
feasible approach. A number of pieces of equip-
ment have been devised for the determination of
foam compositions and results have been sum-
marized by Abribat,3 and more recently by Biker-
manband by Shedlovsky/' while a simple device
for the study of the drainage properties of single
films has been described by Miles and co-workers.6

This paper describes a modified apparatus for the
study of both foam drainage and foam composition
which appears to offer several advantages over
most previous devices. First, it distinguishes
between drainage of liquid from the interstices
of intact foams and drainage due to bubble collapse.
Second, it permits the collection over a range of
drainage times of large enough samples of foams for
analysis. Finally, since the surface area of the
foam being collected can be measured with reason-
able accuracy, actual surface concentrations of
surfactant materials in the foam can lie calculated
on the basis of a simple model.

Apparatus and Method

The apparatus employed is illustrated in Fig. |. The
foaming solution is contained in a 5-liter spherical vessel A
with a 94 mm. i.d. (100 mm. o.d.) flat-ground neck O.
Foam is produced by bubbling nitrogen through the inlet (1,
consisting of a 0.9 mm. glass nozzle. The foam produced
rises through the column D, which consists of interchange-
able units SO5, 61.0 and 122 cm. in length, flat ground on

(1) Presented in part at the X 11 International Congress of Pure and
Applied Chemistry, New York, September 10, 1951.

(2) J. W. McBain and L. A. Wood, Proc. Roy. Soc. {London), A145,
286 (1940).

(3) M. Abribat, Actuelites Scientifiqu.es et Industnelles, 123 (1942).

(4) J. J. Bikerman, “Surface Chemistry for Industrial Research,”
Academic Press Inc., New York, N. Y., 1947.

(5) L. Shedlovsky, Ann. N. Y. Acad. Sci., 49, 279 (1948).

(6) G. D. Miles, J. Ross and L. Shedlovsky, J. Am. Oil Chemists
Soc., 27, 268 (1950).

The latter show particularly complicated and interesting behavior, which we hope to describe at

the ends and joined to the foaming vessel with an adhesive
tape. On reaching the top of the column D, the foam passes
into the collector head E, 15.24 cm. in height, and is de-
stroyed and thrown to the outer walls of the annular receiver
by the whirling paddle F. In order to minimize evapora-
tion from the foam, the collector head E is surmounted by a
plastic cover with only a small hole for the shaft of the paddle

Rates of foanl drainage arc measured by determining the
weight of foam collected in E for different heights of the
column D at a constant rate of bubbling, either by periodi-
cally removing and weighing the collector head, or by ob-
serving the change in position of a toluene-water interface
in the differential manometer Fl. The manometer consists
simply of a vertical tube surmounted by a cylindrical reser-
voir containing toluene to which a small amount of oil-
soluble dye has been added. The elevation of the manom-
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etor is adjusted so that the toluene-water interface lies in
the tube, and its sensitivity depends primarily upon the
ratio of cross-sectional areas of the reservoir and the vertical
tube. For convenience in changing surfactant solutions,
the manometer is connected to the system through a stop-
cock, and all observations of interface level are made with
foam rising in the column as the viscous drag of the rising
foam displaces the interface level slightly. The manom-
eter method provides a more continuous record, and the
multiplication factor of the manometer is such that a 1-mm.
movement of the interface corresponds to only 0.16 mm.
change in the level of the foaming solution, or the produc-
tion of 1.1 g. of foam. The temperature of the foaming
solution is determined by a thermometer at B and, although
the experiments reported here, have all been made at ap-
proximately room temperature (28°), the apparatus has sub-
sequently been thermostated to higher temperatures by
warming the solution vessel with a Glased heater and sur-
rounding the column with a pasteboard tube containing an
electric heating element.

Good foams are produced from many synthetic deter-
gents and soaps at bubbling rates of 18.8 to 45.1 cc./scc.,
giving rates of foam rise of 2.7 to 6.5 mm./sec. By vary-
ing column heights, and placing the collector head directly
on the flask, drainage times can thus be varied from 25 to
500 seconds. In this range, a number of surfactant ma-
terials give stable foams in which there is negligible break-
age of bubbles as they rise through the column. Further,
for many materials these bubbles prove to be surprisingly
uniform in size throughout the volume of the column, ex-
cept for a few very small bubbles trapped where the film be-
tween larger bubbles touches the column walls, and consist
of polyhedra averaging 3 to 5 mm. in diameter. By stop-
ping the How of nitrogen, measuring and averaging the
diameters of a number of bubbles, and calculating the total
surface area as though the bubbles were spheres, a reason-
ably accurate value for the rate of surface production can be
calculated by the relation S = 3V/r where V is the total
volume of foam and r the (average) bubble radius. This
rate proves to be in the range of 100-300 sg. m./hr.

Since each bubble film has a surface on either side, the
average film thickness may also be computed from the sur-
face area and (collapsed) volume of foam produced per unit
time by the relation film thickness = 2 X foam volume/foam
area. Results at our bubbling rates vary from 0.5 to 10 X
10* " cm.

By analysis of collapsed foam gathered in the collector head,
any difference between its composition and that of the
original solution may be determined. If the foam structure
can be considered essentially as surface in which such con-
centration of surfactant material must have occurred, and
liquid trapped between the surfaces with the same composi-
tion as the original foaming solution,7 the actual concentra-

(7) Note that this assumption is only valid in a system such as this
m which there is negligible bubble collapse which would feed extra sur-
factant material back into the liquid filling between babble surfaces,
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tion of material in the surface may be calculated by consider-
ing this analytically determined excess as spread over the
measured surface area. The significance of such a calcula-
tion, of course, depends upon the validity of this assump-
tion; but, as shown below, actual results are reasonable,
indicating each molecule of adsorbed surfactant material
occupies 24 to 90 A.2of surface.

A final quantity which may be determined with the ap-
paratus is the minimum rate of foam rise, which will just per-
mit the foam from a given solution to reach the top of a
column of particular height. This rate gives a measure of
ultimate foam stability, a matter of sonie practical impor-
tance in many fields.

Foam Measurements

The application of this apparatus, as well as
some of its limitations, may best be shown by re-
porting measurements on some actual surfactant
systems. For this purpose, five have been chosen:
a technical sodium dodecvlbenzene sulfonate,
sodium myristato, sodium lauryl sulfate, dodecyl-
amine hydrochloride and an octylphenol-ethylene
oxide condensation product.

Sodium Dodecylbenzene Sulfonate.—The ma-
terial employed was a technical material supplied
by the Oronite Chemical Company and marketed
under the name of “ Sodium Oronite.” It consists
of the sodium salt of a mixture of sulfonated alkyl
benzenes with branched side chains averaging
twelve carbons in length and derived from poly-
merized propylene8 Since it gives particularly
satisfactory and reproducible foams in the appa-
ratus, it was used in much of the preliminary in-
vestigation. The material used had been almost
completely separated from inorganic salts, and con-
tained 95.67% alcohol soluble solids considered to
be active material.

Foam drainage measurements, determined on
0.05% solutions in distilled water, are plotted in
Fig. 22 Foam weights/hour are. in general, the
average of several measurements, the median
deviation of duplicate determinations from the
average being of the order of 4%,. In Fig. 2, the
data are plotted as foam density VS. draining time
on a semilogarithmic plot. The solid lines pass
through series of points obtained at different column
heights at constant rates of foam rise. Since the
lines are straight and roughly parallel, they indicate
that, in this range, the rate of drainage is propor-
tional to foam density over a tenfold range with a
value of 0.45%/sec. Extrapolation of the solid
lines back to zero draining time gives foam densities
at the instant of foam formation, and show this to
increase with bubbling rate, a reasonable enough
result, as increased agitation would be expected to
entrap more liquid in the foam. The relation
between experiments carried out, at different bub-
bling rates but a single column height is indicated
by the dashed lines in the figure. Interestingly,
extrapolations of these (dashed) lines all lead to
intersection with the zero draining time axis at a
foam density of about 20 g./liter, representing a
sort of (hypothetical) maximum wetness for foam
produced at a very high rate.

The bubbles which make up the foam have
approximately the same size at all bubbling rates,
ranging in diameter from 3.0 to 4.0 mm. with an
average diameter of 3.5 mm., corresponding to a

(8) A. H. Lewis, U. S. Patents 2,477,382, 2,477,383 (July 2«, 1949).
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surface area of 17.1 era.2,cm.3 of foam. Analysis
of the collected foam was accomplished by diluting
to a sodium Oronito concentration of approximately
0.01%, and determining the optical density of the
solution at 261 my with a Beckman spectrophotom-
eter. At this wave length, a 0.01% solution of
sodium Oronite in a I-c;m. cell has an absorbency of
1505. Foam analysis results are summarized in
Table I, and show that the concentration of
sodium Oronite is 2-4 times that of the bulk solu-
tion.

Tabre |

Some Foam Characteristics of Sodium Oronite. 0.054%
Active in Distilled Water, Temp. 28° Foam Rise
5.41 mm. Per Sec.

Column height, cm. 15 45.5 76 106.5 137

Foam weight, g./hr. 220 174 152 125 104
0.120 0.148 0.173 0.178 0.213
0.66 0.94 1.19 1.24 1.59
1.85 1.85 1.35 1.35 1.35
2.81 2.31 2.31 2.03 2.31
Av. bubble diam., cm. 0.35 0.35 0.35 0.40 0.35
Film area per molecule, sq. A." 93 83 75 77 82
Av. film thickness, cm. X 104 1.90 1.51 1.32 1.23 0.90

Assuming an average molecular weight, of 352.

Na Oronite in foam, %
Surface excess, mg./'g.
Foam volume,cm.Vhr. X 10-5
Foam surface, cm.'-/hr. X 10 “6

From these data, the surface area occupied by
each molecule (assuming adsorption as a unimolec-
ular layer) has been calculated. Results at differ-
ent column heights (i.e., different draining times)
are in good agreement indicating that, for this
system dt, least, equilibrium between surface and
solution is rapidly attained, and that our basic
assumption that liquid draining from the foam
has the same composition as bulk solution is essen-
tially correct. A further check of the method may
be obtained by comparing the average area'mole-
cule (82 A.9 by that predicted from surface tension
measurements via the Gibbs equation. This
value has been (determined by Dr. C. R. Sporek of
this Laboratory as 65 A.2 a reasonable agreement in
view of the uncertainties of the two methods.

Inspection of Fisher-Hirschfelder models show
that close-packed extended sodiumaOronite mole-
cules should occupy only 35-50 A.2 apiece. A
value of 82 A.2about, corresponds to the packing of
molecules in which the benzene rings and sulfonate
groups are both lying on the surface with the
hydrocarbon “tails” erect..

By progressively decreasing bubbling rates, it
was found that the lowest rate of foam rise which
would just, bring foam to the top of a 2-ft. column
was 0.89 mm. sec.

Sodium Mpyristate.—The foaming properties of
sodium myristate were studied, both to compare
the behavior of a typical soap with a synthetic
detergent, and to see whether, in our apparatus, it
showed the preferential adsorption of free fatty
acid in the foam surface first reported by Perrin9
and LaingDfor oleate foams.

Drainage properties of sodium myristate solutions
prove to lie quite different from those of sodium
Oronite, and it was found necessary to use 0.10%
solutions to obtain satisfactory results. Foams
were much wetter (about 4.5 g./liter at a rate of

(9) J. Perrin. Amt. Pktjs., [9] 10, 160 (1918).
(10) M. E. Laing. Proc. Roy. Roc. {London), 109A, 28 (1025).
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foam rise of 5.4 mm./sec.) and showed little de-
crease in density with column height, although
densities decreased markedly with lowered bubbling
rate. Further, there appeared to be considerable
bubble collapse, particularly at lower foaming-
rates, and some variation in rate of bubble rise at
different points in the column. Apparently, with
such soap foams, in our apparatus drainage from
intact foam bubbles is very slow, and foam density
is determined almost entirely by the initial condi-
tions of foam formation, and the collapse of bubbles
within the foam. Typical results are listed in
Table Il but should be regarded as of only quali-
tative significance.

Tabie Il

Sodium M yristate

Density Measurements of Foam from 0.10%, Solution in
Distilled Water
Height of Rate of bubble rise in mm. per second

column, cm. 6.49 5.41 2.16
Weight of foam produced per hour, grams

45.5 570
76 608
106.5 567
137 860 634 146
Density of foam, ing. per liter
45.5 4222
76 4504
106.5 4200
137 5309 4696 2703

Analyses were carried out on foams collected
from 0.10% sodium myristate solutions which
had risen through 137-cm. columns at 2.16 and 6.49
mm./sec. Total fatty acid was determined by
acidifying 200-ml. portions of condensed foam and
extracting with ether, and sodium by asiiing with
sulfuric acid. Blanks by these techniques on the
original solution gave molar concentrations of
fatty acid and sodium of 3.99 X 10~i and 4.00
X i0-3 (ealed. 3.95 X 10%. Results, together
with calculation of surface concentrations as pre-
viously outlined, are given in Table Ill, and in-
dicate that the surfactant adsorbed at the bubble
surfaces occupies an area of 24-30° A.2molecule
and consists of approximately 1 molecule of mywistic
acid to 2 of sodium myristate. This value corre-
sponds to rather close packing of a unimolecular
layer of paraffin chains.

Sodium Lauryl Sulfate.—Foam drainage and
composition studies were carried out on a sample
of sodium lauryl sulfate prepared from commercial
lauryl alcohol (clu Pont Lorol No. 5) and purified
by recrystallization from alcohol followed by wash-
ing with acetone to remove the last traces of un-
sulfated lauryl alcohol.

Results of foam drainage experiments carried
out on a0.05% solution in distilled water are plotted
in Fig. 3. They- show that, while rather wet foams
have first order drainage rates only slightly lower
than those obtained from sodium Oronite (about
0.3%,/sec. compared with 0.45), as films become
thinner, the drainage rate drops off, becoming
negligible at a rate of foam rise of 3.24 mm./sec.
at which point the average film thickness is about,
3000 A. The foam drainage properties of sodium
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Fig. 3.—Foam drainage properties of sodium laurel sulfate,
0.05% solution at 28°.

lauryl sulfate, in our apparatus, thus appear to be
intermediate between sodium Oronite and sodium
myristate.

Table |11

Properties of Foam Collected ivr Top of 137-Gm.
Column from 0.1012% Na Myristate

Rate of foam rise, mm./sec. 6.49 2.16
G./hr. collected 860 146
Na myristate in foam, % 0.1265 0.1738
Surface excess, mg./g. foam 0.253 0.726
Free myristic acid in foam, % 0.0143  0.0319
Surface excess, mg./g. 0.143 0.319
Molar ratio soap:acid in surface 1:0.62 1:0.48
Foam surface, cm.2hr. X 10-8 2.56 0.90

Area/molecule, soap + acid (A.2" 30 24
Av. film thickness (cm. X 1C) 6.72 3.24

“ Molecular weight of myristic acid determined as 231.

Foam compositions were determined by analysis
of initial collected foam bv methylene blue titration
as described by Jonesll and show a 4-8 fold enrich-
ment over the initial solution. Results; of six
experiments at one rate of foam rise and four
column heights are given in Table 1V. The
average value for the surface area per molecule of
adsorbed lauryl sulfate is 34 A,2 with the individual
values all within 10% of this value except for the

Table IV

Foam Properties of 0.05% NaLauryl Sulfate Solution
Foam Rise 541 mm./sec.

Column height, cm. 45.5 45.5 76 106.5 137 137
Foam weight, g./hr. 155 160 122 102 99 94
Na lauryl sulfate in foam, % 0.20 0.21 0.22 0.29 0.22 0.40
Surface excess, mg./g. 1.5 1.6 1.7 2.4 1.7 3.5
Foam volume, ¢cm.3hr. X

10"5 1.35 1.35 1.35 1.35 1.35 1.35
Av. bubble diam., cm. 0.52 0.51 0.53 0.52 0.50 0.53
Foam surface, em.Vhr. X

10"« 1.55 1.59 1.53 1.56 1.62 1.53
Area/molecule in sur'ace,

A2 33 31 37 32 48 23
Av. film thickness, cm. X

10« 2.0 2.0 1.6 1.3 1.2 1.2

* Molecular weight of sodium lauryl sull'ale taken as 302.

(1D .7 H. Jones, 5. Assn. or. agricuttural chemists, 23, 398 (1945).
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two measurements in the 137-cm. column.  Sodium
lauryl sulfate thus appears to form rather a close-
packed film only slightly less dense than that formed
by sodium myristate.

Dodecylamine Hydrochloride—As an example
of the foaming properties of a cationic surfactant,
a 0.05% solution of dodecylamine hydrochloride
was studied at four column heights and one rate
of foam rise. The material employed was a sample
of Armour and Company dodecylamine neutralized
with the calculated quantity of hydrochloric acid
and results are listed in Table V. This material
showed rather unsatisfactory behavior in the
apparatus giving erratic foam densities (although
the foam appears to be of the slow-draining type),
and a wide distribution of bubble sizes. Foam
compositions were determined by both chloride
and Kjeldahl nitrogen analyses of the collected
foams and indicate an average area/molecule of
24 A.2 and negligible hydrolysis of the amine salt
in the foam surface. This last conclusion, inci-
dentally, based upon the quite good check between
chloride and nitrogen analyses, is unaffected by the
irreproducibility in foam density and uncertainty
as to average bubble size.

T able V
Foam Properties or 0.05% D odecylamine Hydrochlo-

ride Solution; Foam Rise 541 mm./sec.

Column height, cm. 45.5 76 106.5 137
Foam weight, g./hr. 75 54 66 80
RNIIXL in foam %

by CI 0.175 0.406 0.256
by N 0.190 0.395 0.285
Surface excess (Cl) mg./g. 125 3.56 2.06
(N) mg./g. 1.40 345 2.35

Foam volume, cm.yhr. X
1(R5 135 135 135 1.35
Ay. bubble diam., cm. 0.88 093 0.90 0.95

Foam surface, cm.yhr. X
10“6 092 0.87 090 0.95
Area/molecule A.2(CI)" 36 17 21
(N) 32 17 19

Av. film thickness, cm. X
104 1.6 1.2 15 1.7

“ Molecular weight of dodecylamine taken as 185.

Triton X-100.— In addition to the ionic surface
active materials investigated, a scries of measure-
ments was also made on a typical non-ionic poly-
ethylene oxide condensation product, Triton X-100.
This material, manufactured by Rohm and Haas,
is stated by them to be the reaction product of
octylphenol and 8-10 moles of ethylene oxide, i.e.

CIR '

(CH3X—ciiz= C—<f . -0(Ca10),,11

CIJII3
with n having a range of values averaging 8- 10.
Results of foam measurements on a 0.05% solution
at four column heights are given in Table VI.
At this rate of bubble rise, Triton X-100 produces
quite a reproducible foam of even bubble size with

a drainage rate of approximately 0.23%,/sec.,
Comparable tO Sodium laUl'yl Sulfate.
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Tabire VI
Foam Properties op 0.05% Triton X-100 sorution
Foam Rise D4l mm./sec.
Column height, cm. 45.5 76 106.5 137

Foam weight, g./hr. 96 85 67 65

X-100 in foam, % 0.33 0.36 0.46 0.55
Surface excess, mg./g. 2.8 31 41 5.0
Foam vol., cm.3hr. X 105 1.35 1,35 1.35 1.35
Av. bubble diam., cm. 0.46 0.42 040 041
Foam surface, cm.Zhr. X 106 1.76 1.93 2.03 1.98

Area/molecule, A.2 71 78 79 66
Av. film thickness, cm. X 104 1.09 0.88 0.66 0.66

° Molecular weight of Triton X-100 taken as 647.
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Foam compositions were determined by evapo-
rating the collected foam to dryness, re-evaporating
with a little petroleum ether, and weighing. The
value of 74.5 A.2molecule obtained for the density
of adsorbed material at the film surface is in a
reasonable range, and suggests that this rather
long, heavy molecule (m.w. 647 for n = 10) is more
nearly extended in a direction normal to the surface
than loosely coiled at the air-water interface.

The authors wish to acknowledge the advice and
helpful discussion of Dr. C. R. Sporck in connec-
tion with this work, and also the aid of the members
of our Analytical Section in carrying out the foam
composition analyses described.
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In a recent article the relative tendencies of various transition metals to form complexes with ethylenediaminetetraacetic

acid (EDTA) in a number of buffer solutions was reported.
and new data are presented for a number of rare earth ions.

Introduction

In a previous publication,2 a new approach to
the determination of equilibria between metal ions
and complexing agents was described. The ex-
perimental method consisted of treating a solution
of the complexing agent simultaneously with two
metal ions, the amounts of all three species em-
ployed being equal. Thus only half the quantity
of reagent required to react with both metals was
present, assuming the usual 1:1 complex to be
formed. Depending on the various buffers em-
ployed, the “uncomplexed” form of the metal
either remained in solution or precipitated as a
solid phase. Thus it was possible to compare the
stabilities of two metal complexes in the presence of
other reagents. The purpose of the present paper
is to offer a theoretical interpretation for this
method for conditions involving (1) precipitation
of the excess metal ion and (2) presence of a single
solution phase, and to present new results in-
volving rare earth complexes of ethylenediamine-
tetraacetic acid (EDTA).

Experimental

Measurements.—The method employed is the same as
that described previously.2 All comparisons of the rare
earths were made to Nd at 582 main 0.2 M carbonate buffer.
After each reaction the buffer was checked and adjusted to
the original pH when necessary. The solutions employed
were 0.01 molar in metal complex. Absorption measure-
ments were made with a Beckman quartz spectrophotom-
eter, Model DU, operated at maximum sensitivity and
with 1-cm. quartz cells. The only rare earth complex which
showed strong absorption bands is that of Xd. The ab-
sorption bands observed were: strong, Nd 358 and 582 m/u
moderately strong, Pr 446 MP and Srn 404 My, weak, Nd

() Aluminum Company of America, New Kensington, Pa.
2) R. C. Plumb, A E Mmartell and F. C. Bersworth, T his Journal.
54, 1208 (1950).

In the present paper the interpretation of the results is extended

331 and 514 MYy. The peaks of the absorption bands ob-
served are listed in Table 1. It was not necessary to consider
or correct for the absorption of Nd+3, since the concentra-
tion of free metal ion was negligible at equilibrium, as pre-
viously described.2

Tabre |

Absorption Bands of 0.01 .1/ Rare Earth Edta

Complexes

0.2 M carbonate buffer pH 8.65

Transmission,

Rare Earth X %
Pr -46 86.3
Nd 358 94.0

514 96.0
582 81.9
331 96.9
Sm 404 90.0
La None
Y None

All comparisons of stability of complexes using mixtures
of metal ions as previously described were made with refer-
ence to neodymium at 582 NMP. None of the other pure
metal complexes absorbed in this region. The results of the
absorption measurements on the mixtures, made up 0.01 M
with EDTA and each of two metal ions, are indicated in
Table I1.

Tabtle 1l
M ixed Complexes"
Transmission,
Mixture \b Sb
Y-Nd 94.8 Y, 2.74
Pr-Nd 89.0 Pr, 0.71
Sm-Nd 92.1 Sm, 1.43
La-Nd 86.1 La, 0.33
Nd, 1.00

“ Concentration of each metal and of EDTA was 0.01 M.
6,S = moles of metal complexed/moles of Nd complexed.
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Calculations
For the mathematical development given below, it is as-

sumed that metal ion and ligand form a ::1 complex as
indicated by the equation
H

-O0OCCHo /ICH2.COO-
M+ ;Nn—chzaxccha2x <

-O0OCCHo xCH2COO0-

OoH?
+ H+

11, Tetradentate EDTA Chelate
1

The trinegatively charged anion (1) is chosen to represent
the active form of the amino acid since this is the form which
predominates in the buffer solution employed (carbonate
buffer at pH s .sc). For rare earth ions the tetradentate
chelate structure shown may be in equilibrium with higher
chelate forms in which the donor may be pentadentate
(111) or even hexadentate (IV). The assumption of a co-

ordination number of six is not unreasonable for the rare
earth metals in solutions A 1:1 lanthanum-EDTA com-
plex having the formula NaLa(EDTA)-5H2 has recently
been prepared and recrystallized.. In this case it is not
possible to state how much of the water is directly coordi-
nated to the lanthanum ion. However, knowledge of this
type is not required for the interpretation of the experimental
work outlined below. In connection with the assump-
tion of a 1.1 complex, it is significant that just such a struc-
ture was favored by Moeller and Brantley.s Schwarzen-
bachs showed the 2:1 complex (M:EDTA) to be quite un-
stable relative to the 1:1 complex. Further, it is not likely
that complexes involving more than one mole of ligand were
formed in the present investigation, in view of the excess of
metal ion employed.

Consider first the case of precipitation of excess metal ion
by the buffer. Since the metal complexes were deter-
mined directly (by absorption measurements), the concen-
tration of free complexing agent has no effect on the re-
placement reaction, and the equilibrium may be written as

M, carbonate buffer, pH 8.65 + M'EDTA ~ >
M', carbonate buffer, pH 8.65 + M EDTA

(3) M. Calvin and A. E. Martell,
Chelate Compounds,’
Chapter VII.

(4) A. E. Martell and M. Calvin, unpublished results.

“The Chemistry of the Metal

Prentice-Hall, Inc., New York, N. Y., in press,

(5) T. Moeller and J. C. Brantley, J. Am. Chem. Soc., 72, 5477
(1950).

(6) G. Schwarzenbach and H. Ackermann, Heh. Chim. Acta, 31,
1029 (1948)
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where M and M' represent the two metal ions in equilibrium
with the precipitating agent and with the complexing agent,
while M EDTA and M' EDTA represents the metal com-
plexes. Electrical charges of ions are omitted for clarity.
The equilibrium constant for this reaction has the form

_ (M, carbonate buffer, pH 8.65)(M EDTA)
\£ (M, carbonate buffer, pH 8.65)(M' EDTA)

where () represents molar concentrations. Since both
metals are in equilibrium with carbonate ion, the equilib-
rium constant may also be written in terms of the solubility
products of the rare earth carbonates

(M EDTAirg y PA
¢ (M'EDTA)La'sJd

where Ksp and K 'g are solubility products of M2(Co 33 and
M 'ZC 03)i, respectively, and <9 m' is the ratio of the con-
centration of the complexes of M and M’ present at equilib-
rium.

In the special case where the uncomplexed metal does not
precipitate (?>., in acetate buffer at pH 4) equation (1) be-
comes

(2)

Ac = (M)(M EDTA)/(M)(M' EDTA) (3)

Under the conditions employed (1) the total amounts of
M, M' and EDTA are equal. Therefore it follows that
(M) + (M EDTA) = (M") + (M'EDTA)
(M EDTA) + (M' EDTA) = (M) + (M")
and
(MY/(M) = (M EDTA)/(M' EDTA) = SMm'

where <Sis the ratio of the
metal complexes at equilib-

rium. Thus equation (3)
becomes
Kc = Szh/m' = KI/K*

where K and K ', the forma-
tion constants of the metal
complexes, are given by
K =
(M EDTA)/(M)(EDTA“4)
K*' =
(M'EDTA)/(M)(EDTA~49
Therefore when the excess
metal does not precipitate,
the ratio of the complex formation constants may be calcu-
lated directly from s. This method is applied below to the
data of the previous paper: for the calculation of the stabil-

ity constants of the EDTA complexes of certain transition
metals.

Discussion of Results

Rare Earth Complexes (Excess Metal Precipi-
tates).—Figure 1 shows an interesting correlation
between the index S, indicating relative quantities
of the complexes at equilibrium, and the atomic
number, except in the case of yttrium. The cor-
relation is extended to this metal by assuming an
“effective” atomic number of 66.3, according to
standard practice,7 which places it between dys-
prosium and holmium. Such a correlation sug-
gests a relationship between ionic radius and
stability of the complex. Comparison of these
two quantities indicates that the stability in-
creases with decreasing ionic radius or increasing
charge-radius ratio, the so-called “ionic potential”
of the metal. The weakest complex is formed with
lanthanum, the strongest with yttrium. It should
be kept in mind that the index S is not actually
the ratio of stability constants. If, however, the

(7) B. H. Ketelle and G. E. Boyd, J. Am. Chem. Soc., 69, 2800
(1947).
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Fig. 1.—Correlation with atomic number of relative
stabilities of rare earth-EDTA chelates in 0.2 m carbonate
buffer at pH 8.65.

relative solubilities of the carbonates are nearly the
same, the precipitation of excess metal as carbonate
would produce only a second-order effect on the
observed values of S. Hence it would seem that
the values of S may be close to the relative values
of the stability constants of the complexes.

The linearity of the relationship between ionic
radius and the relative values of the stability
function is strikingly illustrated by Figure 2. If
the relative solubilities of the rare earth carbonates
have an appreciable influence on S, it becomes
apparent that the logarithms of the solubilities
must also vary in a linear manner with charge-
radius ratio.

The S values of the rare earths listed in Table 11
are appreciably different. Since the values of S
actually represent relative distribution ratios of
the rare earth ions between liquid and solid phases,
this difference suggests that such a distribution
may offer a convenient method of separating rare
earths. A search of the literature failed to reveal
similar or analogous data for comparison. The
only information available on the separation of the
rare earths by equilibration between liquid and
solid phases is the well-known work on separations
by means of cation exchange resins. The equilib-
rium measurements of Tompkins and Mayer8
offer a good example of the kind of data which may
be compared with our S values as a measure of

Tabte Il

At. No. Rare earth Ad'1 a'’b Ay“l
57 La 87 7.6 8.3
58 Oa 87 7.6

59 Pr 40 3.5 3.9
60 Nd 2.7
61 Pm 21 1.8

62 Sm 1.9
65 Tb 14 1.2

66.3 Y 11.5 1 1

° Tompkins and Mayer, 3. Am. Chem. Soc., 69, 2859

(1947). kd for 0.23 m citrate, 0.5 m XHA'ICL, Dowex 50
ammonium form, tracer amts, of metal. ba = A'd(metal)/
A'd(yttrium). csSy~1 = moles of metal precipitated/moles of
yttrium precipitated.

(8) E. R. Tompkins and S. W. Mayer, 3. Am. Chem. Soc., 69, 2859
(1947).
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Fig. 2.—Correlation with ionic radius of relative stabilities
of rare earth-EDTA chelates in 0.2 M carbonate buffer at
pH 8.65. E/R represents charge-radius ratio.

separability. Their measurements resulted in the
evaluation of the distribution ratios of the rare
earths between the cation exchanger and ci-
trate solution at controlled pH. Their values of
Ad, the distribution ratios, are listed in Table 111,
and compared with the value of S by reducing to
a’', the distribution ratios relative to yttrium. The
reciprocal of S was taken to allow a direct com-
parison with ion exchange data.

It is apparent that the separabilities o: the rare
earths of Table IlIl by these two methods (f.e.,
EDTA complexing in carbonate buffer and citrate
complexing in the presence of a cation exchange
resin) are of the same order of magnitude. The
use of water-soluble complexing agents similar to
EDTA may be of value in certain cases for the
separation of rare earth ions. Although it is
difficult to see how the EDTA-carbonate buffer
reaction may be applied to a column method of
separation, it seems that the use of EDTA for
elution of cation exchange columns at relatively
high pH certainly should be investigated.

Transition Metals (Uncomplexed Metal Remains
in Solution).—The method outlined in the intro-
duction was applied to the determination of the
ratios of the stability constants of the transition
metals. The results are given in Table IV. The
absolute values of the constants listed were cal-
culated using the value of 18.4 given by Schwarzen-
bach9D for the logarithm of the stability constant
of the copper complex. Assuming that the relative
values of the stability constants are not greatly
affected by small changes in ionic strength, the
values listed in Table 1V should hold approximately
for an ionic strength of 0.1.

It was pointed out by SchwarzenbachDthat the
results obtained by this method must be corrected
for acetate complexing if they are to be interpreted
in terms of stability constants. A search of the
literature revealed that the stability data for the
transition metal chelates are incomplete. How-
ever, from the results of Edmonds and Birnbaum,11

(9) G. schwarzenbach and H. Ackermann, Helv. Chim. Acta, 30,
1798 0947); 32,1543 (1949).

(10) G. schwarzenbach and Freitag, ibid., 34, 1503 (1951).
(11) s. M. Edmonds and N. Birnbaum, J. Am. Chem. Soc., 62, 2367

(1940).
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Pedersen,12Caiman and Kibrick,13 Ferrell, Ridgeon
and Riley,}4 the stability constants of the 1:1
acetate complexes may be assumed, to a first,
approximation, to be: Pb, 2.0: C-u, 1.6; and only
slightly less for the other transition metals such as
Ni and Co (about 1.4). Assuming these values to
represent the relative effects of acetate on the
observed stability constants, the “corrected”
values of Table IV are obtained. It may be seen
that there is considerable deviation from the care-
fully-measured values of Schwarzenbach,0 also
listed for comparison. The discrepancy is probably
due to differences in ionic strength, temperature,
approximations in the corrections for acetate com-
plexing, and to various unknown factors such as
the influence of sodium ion on the equilibria.

No attempt was made to calculate the stability

(12) K. Pedersen, Kgl. Danske Videnskab, Math.-Phys. Medd., 22,
No. 10 (1945).

(13) R. K. Cannan and A. Kibrick, J. Am. Chem. Soc., 60, 2314
(1938).

(14) E. Ferrell, J. M. Ridgeon and H. L. Riley, J. Chem. Soc., 1440
(1934).
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Tabte IV

Metal log

Ion SQu K/Kcu logk logka  Khbar
Cu +2 100 1.0 18.4 18.4 18.4
N i- 39.0 0.15 17.G 18.4 17.4
Pb+2 27.2 .074 17.3 18.2 17.7
Go+2 8.9 .0079 16.3 16.1 16.1

“ Values given by Schwarzenbach. 5 Corrected for ace-
tate complexing.

constant of CrinEDTA, for which data were avail-
able, because of extensive hydrolysis of the chromic
ion under the conditions employed.

Further work using this absorption method for
the determination of relative stabilities of metal
chelates in the absence of buffers and in a controlled
ionic atmosphere has been initiated in these
laboratories, and it is hoped that further results
will be forthcoming soon.

Acknowledgment.— The authors are indebted to
F. C. Bersworth of the Bersworth Chemical Com-
pany, Framingham, Massachusetts, for financial
support.
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The adsorption of helium, methane and nitrogen at the gas-water interface is estimated from the isothermal change of
interfacial tensionlwith pressure, by the application of the Gibbs adsorption isotherm. The pressure range is from 15 to

15,000 p.s.i.a., and the temperature is from 80 to 280°F.

Lower limits for the excess surface concentrations of gas molecules

are calculated, and estimates of the change in total volume per unit increase in surface area, due to decreased density at the

surface, are made.

Introduction

Adsorption at gas-liquid interfaces can be
calculated from the isothermal change of inter-
facial tension with pressure by a relation due
to Gibbs.2 Related methods have been described
by Adam3and Rice.8a The data for the interfacial
tension of simple systems, even at moderate pres-
sures, are not very extensive. Ilvundt4has reported
work at 70°F. for several organic liquids with
several gases up to about 3200 p.s.i.a. Recently,
interfacial tension data for the water-methane
system were reported at several temperatures for
pressures to 15,000 p.s.i.a.5

Results and Discussion

Interfacial tensions in the water-nitrogen system and in
the water-helium system have been determined by the tech-

(1) The term “interfacial tension” will be used for the specific free
surface energy between two phases having different compositions, while
the term “surface tension” will be used for the specific free surface
energy between two phases having the same composition.

(2) J. W. Gibbs, “Collected Works,” Longmans, Green, and Co.,
New York, N. Y., 1931.

(3) N. K. Adam, “The Physics and Chemistry of Surfaces,” Third
Ed., Oxford University Press, London, 1941, Chapt. 3.

(3a) O. K. Rice, J. Chem. Phys., 15, 333 (1947).

(4) Kundt, Ann. Fhysik, 12, 538 (1881); “International Critical
Tables,” Vol. 4, McGraw-Hill Book Co., Inc., New York, N. Y., 1928,
p. 475.

(5) E. W. Hough, M. J. Rzasa and B. B. Wood, Jr., Petr. Trans.
AIMS, 192, 57 (1951).

nique described for the water-methane system,5which em-
ploys the pendant drop. Analyses of the nitrogen and he-
lium used are given in Table I. The water used was triple-
distilled and had a specific resistance in excess of 350,000
ohm cm. Frequent checks, in the apparatus, of the in-
terfacial tension of the water sample against air at atmos-
pheric pressure and at 80°F. were used to test the purity
of the water. Volumetric data employed were obtained
from Wiebe and Gaddy®6 for nitrogen, from Wiebe, Gaddy
and Heins' for helium, and from Dorsey8for water.

Tabte |

Analyses of Gas Samples

. Gas, Nitrogen* Heliumb Gas Nitrogen“ Helium»

impurity (Mole per cent.) impurity (Mole per cent.)
CO, 0.00 0.00 C*Hs 0.00 0.00
(ef0) .00 .00 ch, .00 .00
H, .00 .00 c4n 3 .00 .00
No .16 ch D .00 .00
chéd .03 .02 Total Cs .00 .00
CoHr .00 .00 Total C6 .00 .00
ch 6 .00 .00 Helium .00

“ Sample of Prepurified Grade obtained from Air Reduc-
tion Co. bObtained from the Bureau of Mines, Amarillo,
Texas, through the National Cylinder Gas Co.

The experimental values for the interfacial tensions of the
water-nitrogen system and the water-helium system are

(6) R. Wiebe and V. L. Gaddy, J. Am. Chem. Soc., 60, 2300 (1938).

(7) R. Wiebe, V. L. Gaddy and C. Heins, ibid., 53, 1721 (1931).

(8) N. E, Dorsey, “Properties of Ordinary Water-Substance,” Rein-
hold Publishing Corp., New York, N. Y., 1940, pp. 207-225.
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shown in Figs. 1 and 2. These data were obtained by suc-
cessive series of isothermal pressure changes for 15-second-
old drops having a diameter of about 0.08 in., formed on a
tip having an external diameter of 0.0472 in. For pressures
of 5000 p.s.i.a. or below and temperatures of 160°F. or be-
low, the precision of a given measurement was better than
1dyne/cm. Under these conditions, the effects of pressure
hysteresis, which are shown but not explained in Figs. 1 and
2, were as much as several times this value. The precision
at the highest pressure (15,000 p.s.i.a.) and temperature
(280°F.) is estimated to be 2 dyne/cm. and the effect of
pressure hysteresis is probably several times this value.
Smoothed values of interfacial tension are reported in Table
Il. The values in the table are given to 0.1 dyne/cm. al-

Table Il

Smoothed Values of Interfacial Tension

Temp., °F
Press., 80 100 160 220 280
p.s.i.a. Interfacial tension,® dynes/cm.
A. Water-nitrogen system
15 75.0 72.4 66.6
1,000 71.7 69.3 63.9 58.0 52.3
2,000 68.2 66.1 61.0 55.6 50.3
3,000 64.8 62.9 58.2 53.2 48.4
4,000 61.5 59.8 55.5 50.9 46.5
5,000 58.3 56.8 52.8 48.6 44.6
10,000 44.9 44.0 41.4 38.8 36.3
15,000 39.0 38 3 36.2* 34.1 32.2'
B. Water-helium system
15 68 5 66.4 60.7

1,000 69.1 67.0 61.4 55.4 49.4
2,000 69.7 67.6 62.0 55.9 49.8
3,000 70.2 68.1 62.4 56.4 50.3
4,000 70.6 68.5 62.9 56.8 50.8
5,000 71.0 08.9 63.2 57.2 51.2
10,000 72.4 70.2 64.6 59.1 53.2
15,000 73.3 71.1 65.7 60.6 55.0

“ Values obtained 15 seconds after exposure of water to
nitrogen containing water vapor. See text for remarks
on precision. 6Extrapolated. cValues obtained 15 seconds
after exposure of water to helium containing water vapor.
See text for remarks on precision.

though the absolute experimental uncertainties are greater
than this amount, because the slopes of the isotherms are
used in the calculation of surface excesses. It is not to be
inferred, however, that, the experimental uncertainties at
80°F. and 15 p.s.i.a. are as great as might be at first sus-
pected from inspection of the value of 75.0 for water and
nitrogen and 68.5 for water and helium, when compared to
the accepted value of 71.79for water and air. Some liquids
have been observed to have a percentage difference in inter-
facial tension of this order of magnitude for various gases.
For instance, the interfacial tension of mercury and hydro-
gen at 25° is 462 dyne/cm. and that of mercury and water
vapor is 470 dyne/cm. according to the ‘‘International
Critical Tables.” 0 The surface tension at 25° {in vacuo)
is 475 dyne/cm.10 The interfacial tension between ethanol
and air at 21° and 1 atm. is reported by the “ International
Critical Tables” 4as 22.2 dyne/cm. while the same reference
reports the interfacial tension at 21° and 1 atm. of ethanol
and hydrogen as 21.3 dyne/cm. The present work suggests
the need for further experimentation in regard to this point
which could be investigated with a pendant drop cell of the
atmospheric pressure type. Positive slopes for the inter-
facial tension-pressure isotherms apparently have not been
observed in the case of liquid-gas combinations before, but
have been observed for water and decane by Michaels and
Hauser.11 In addition, Rice3' has indicated that such be-
havior is feasible from a thermodynamic viewpoint.

(9) A. Weissberger, "Physical Methods of Organic Chemistry,” Vol.
I, Interscience Publishers, Inc., New York, N. Y.» 1945. See p. 163,
W. D. Harkins, "Determination of Surface and Interfacial Tension.”

(10) "International Critical Tables,” Vol. IV, McGraw-Hill Book
Co,, Inc.,, New York, N. Y., 1928, p. 475, see Fig. 1.

(11) A. S. Michaels and E. A. Hauser, T his Journal, 55, 408 (1951).
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Fig. 1.— Interfacial tension in the water-nitrogen system.

Fig. 2.— Interfacial tension in the water-helium system.

Values of a lower limit of excess surface concentration, r,
of the gas molecules, have been calculated for nitrogen,
helium and methane. The equation 3a employed in the
calculations is shown in Table Il1l. The total volume change
per unit increase in surface, AF j, due to decreased density at

Table Il
Calculation of Excess Surface Concentration

A. Equation used'l

X
(dy /dp)0 = ==mmecmmmeeeee
B. Nomenclature

— gas constant per molecule (erg/molecule °K.)

= absolute pressure (dynes/cm.2)

= absolute temperature (°K.)

= compressibility factor for gaseous phase

= Excess surface concentration of gas molecules

(molecules/cm.2)
= surface tension (djmes/cm.)

AVa — change in total volume per unit increase in
surface area due to decreased density at the
surface (cm.’/cm.l)

refers to constant surface when used as sub-
script on partial derivative

mN-HT X

<

a =

C Assumption

av0= o (The T calculated with this assumption
would be less than the correct value)

“ Taken from Rice.3"

is assumed zero. The values obtained are
given in Figs. 3, 4 and 5. The points at which slopes were
determined are indicated by circles on the curves. Un-
certainty in these data is probably about 0.3 X 1014 mole-
cules/cm.2, except for the case of methane in the vicinity of
5000 p.s.i.a. where the uncertainty is several times this
value.

the surface,



998

Fig. 3.— Nitrogen surface excess concentration (&Vc = 0)-

Fig. 5.— Methane surface excess concentration (AFt = 0).

An incomplete set of observations has revealed the pres-
ence of plastic films in the water-nitrogen and water-
methane systems at certain pressures and temperatures, but
not in the water-helium system. The films observed are
strong enough to distort drops having a diameter of about
0.05 inch and were detected by letting a drop having about
twice that diameter stand for periods from 3 to 10 minutes
and removing some water from the drop. The films are not
detected when water is removed from 15-second-old drops.
The plastic film has been observed as many as 10 times in
succession, discarding each film-bearing drop from the tip
when film appeared, without noticeable diminution of the

effect. When a drop coated with a plastic film is allowed to
stand, the angular contours disappear after a period of
several minutes. In the water-nitrogen system, plastic

films were observed at 160°F. at about 7500 p.s.i.a. and

E. W. Hough, B. B. Wood, Jr., and M. J. Rzasa
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10,000 p.s.i.a. when 5-minute-old drops were reduced in
size. They were also observed at 220°F. at about 8,000
p.s.i.a. In the water-methane system, plastic films were
observed at 280°F ., for pressures of about 5,000 and 10,000
p.s.i.a. The drops which were reduced in size were from 2
minutes to 10 minutes old. At 15,000 p.s.i.a., however,
no observable film was obtained when a drop 10 minutes old
was reduced in size. Systematic attempts to obtain evi-
dence of plastic film in the helium-water system for drop
ages of about 5 minutes were unsuccessful. No information
was obtained on the nature of the films so that very little
can be said of their probable composition. A guess may
be made, however, that they are hydrates, since both meth-
anel2and nitrogen2are known to form hydrates in the bulk
phase, and since no film was observed at the water-helium
interface.

A picture of a plastic film between water and nitrogen at
about 7600 p.s.i.a. and 160°F. is shown in Fig. 6.

Fig. 6.— Plastic film in water-nitrogen system at about

160°F. and 7600 p.s.i.a.

The maximum values for the lower limit of excess surface
concentration for nitrogen in the water-nitrogen system
(shown in Fig. 3) appear to approximate the concentration
for a monolayer. This idea appears reasonable because an
extrapolation of isobaric values near the maximum value to
a temperature of —321°F. appears to be in the vicinity of
the value of surface concentration for a monolayer of nitro-
gen on a solid surface at that temperature given by Living-
ston,13 6.49 X 101 molecules per square centimeter. A
similar statement can be made for the water-methane sys-
tem. It is evident, however, from the information on plas-
tic film formation, that the actual values of surface excess
concentration are considerably above these lower limit
values for the pressures above 5,000 p.s.i. and the tempera-
tures where film formation was obtained.

The lower limit values of excess surface concentrations
for the helium-water system are negative, and plastic films
were not observed, so that similar conclusions about the
probable existence of surface excess concentrations at least
as great as a monolayer cannot, be drawn.

A lower limit value of the increase in the total volume
change per unit increase in surface area, ATo-, can be esti-
mated for nitrogen and water by assuming that the excess
surface concentration does not decrease when pressure is
above the maximum concentration value indicated in Fig. 3.
These values of AV, at 10,000 p.s.i. and 15,000 p.s.i. are
about 0.3 X 10-8 cm., respectively, and are not greatly
dependent on temperature. Corresponding values for meth-
ane and water are about 3 X 10“8cm. at 10,000 p.s.i. and

(12) M. de Forcrand, Compt. rend., 135, 959 (1902).
(13) H. K. Livingston, J. Colloid S ci4, 447 (1949).
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3.2 X 10~8cm. at 15,000 p.s.i. Values of ATT, calculated
for helium and water, assuming the surface excess concen-
tration, r, is zero, are about 0.4 X 10-3 cm. at 10,000 p.s.i.
and 0.3 X 10~8cm. at 15,000 p.s.i.

Conclusions

Interfacial tension in the water-nitrogen system
shows a decrease as pressure and as temperature
are increased. The value at 15,000 p.s.i. and 280°F.
is about 32 dyne/cm. Interfacial tension in the
water-helium system shows an increase as pressure
is increased. The value at 15,000 p.s.i. is about
5 dyne/cm. above that at 15 p.s.i. at 80°F. The
interfacial tension decreases when temperature
is increased isobarically. Lower limit values of
surface excess concentration of the gas molecules
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have been calculated for these two systems and
for the water-methane system. The existence of
at least monolayer concentration above several
thousand p.s.i. pressure is indicated for the water-
nitrogen and water-methane systems. The ob-
servation of plastic film formation indicates that the
actual values may be considerably larger than the
lower limit values in some parts of the pressure
range. Lower limit values of volume change per
unit surface, due to decreased density of the
surface upon adsorption of gas molecules, are
estimated.

Acknowledgment—The authors wish to thank
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CONDUCTANCE OF ELECTROLYTES (THE WIEN EFFECT)1
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A new method utilizing a differential pulse transformer bridge is described for the measurement of conductance of elec-
trolytes under high fields. This method is useful not only for high field work but also for impedance measurement in general,
and for low-field conductance work when it is desirable to avoid the platinization of electrodes required for the satisfactory
operation of the usual conductance bridges. The bridge method is a general one for all impedance measurements and for
use at frequencies and with pulses or wave forms limited only by the design of the transformer. Measurements of the high
field conductance of magnesium and zinc sulfates and of acetic acid indicate that repeated measurements on the same solu-
tion at the same value of field give rise to differences in the per cent, fractional high field conductance quotient, Ax/x0(%),

of 0.03 or less;

in other words, the precision of measurement is 0.03%, absolute.

Preliminary measurements are presented

for these two salts and for the acid which indicate conformity with the results of Wien and his co-workers.

I. Introduction

In 1927 Max Wien6announced the significant dis-
covery that the conductances of electrolytic solu-
tions do not conform to Ohm'’s law under the influ-
ence of high potential gradients. In the years
prior to 1939 Wien and his co-workers studied in
great detail the behavior of electrolytes under the
influence of high fields. This work has been sum-
marized by Eckstrom and Schmelzer.6 Onsager?7
and Onsager and Wilson89have worked out theories
to account for the variation of the conductance
with field strength for weak and for symmetrical
valence type strong electrolytes. It is thus sur-
prising to find that during the passage of almost a
quarter century since Wien’s discovery there is
only one set of precise data for a strong electrolyte
in agueous solution to test the theory of Onsager

(1) This material is taken from a dissertation submitted by John
Alan Gledhill to the Faculty of the Graduate School of Yale University
in partial fulfillment of the requirements for the degree of Doctor of
Philosophy, May, 1949.

(2) Department of Chemistry, Rhodes University, Grahamstown,
South Africa.

(3) Queen Victoria Scholar of the University of South Africa, 1947-
1949.

(4) The support of an American Chemical Society Postdoctoral
Fellowship, 1946-1948, is gratefully acknowledged.

(5) M. Wien and J. Malsch, Ann. Physik, [4] 83, 305 (1927).

(6) H. C. Eckstrom and C. Schmelzer, Chem. Revs., 24, 367 (1939).

(7) L. Onsager, J. Chem. Phys., 2, 599 (1934).

(8) W. S. Wilson, Dissertation, Yale University, 1936.

(9) H. S. Harned and B. B. Owen, “The Physical Chemistry of Elec-
trolytic Solutions,” 2nd ed., Reinhold Publishing Corp., New York,
N. Y., 1950, pp. 95-114.

and Wilson. In this case the temperature at which
the measurement was made is in doubt. For weak
electrolytes in aqueous solution, the situation is no
better; SchieleD specified neither the concentra-
tions nor the temperature for his work with acetic
acid. It was with the intention of remedying this
situation that the investigation reported herewith
was begun.

Quite high field strengths must be applied in order
to obtain appreciable conductance changes with
aqueous solutions of most electrolytes. This places
a number of peculiar restrictions on the measure-
ment method which are not encountered in dealing
with solutions of very low conductivity or with
measurements at low fields. The practical con-
siderations of economical power generation and of
reasonable temperature rise in the conductance
cells dictate that the high field may be applied only
for periods in the order of 0.1 to 10 microseconds.
This places the frequencies involved out of the range
of audio frequency bridges, while the high voltage
gradients cannot be accommodated by any con-
ventional bridge design. Wien and Malsch5 over-
came these difficulties most ingeniously and de-
veloped their barretter bridge method into one of
remarkable precision. Since 1939, however, pulsed
power generation and the observation, study and
measurement of pulses in the range of 0.1 to 10
microseconds have become commonplace although
prior to that time such matters were quite unknown.

(10) J. Schiele, Ann. Physik, [5] 13, 811 (1932).
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Since these techniques were so obviously applicable
to a study of the Wien effect and since it seemed
possible that a method more convenient and con-
sistent than that of Wien and Malsch might be
devised, we set upon this latter task before attempt-
ing to develop more experimental data.

In the barretter bridge method of Malsch and
Wien5a critically damped sine wave is applied to a
double Wheatstone bridge network; temperature
sensitive barretter elements in the auxiliary bridge
permit one to determine if the main bridge is in
balance. The principal drawbacks of the method
are that it does not permit observation of pulse
shape or behavior and that its operation is tedious.
Later, Fuckslland Huter12developed oscillographic
methods of observation which were less time con-
suming, but also less precise. Adcock and ColeB3
have reported a method of measurement which
employs square pulse excitation and oscillographic
presentation of the bridge balance. Blih and
Terentiuk¥4 have also reported a method in-
corporating a number of electronic advances.

In the present investigation a novel bridge circuit
is employed having a number of advantages over
bridges previously reported for high field conduct-
ance measurement. Conductance cell designs
and methods of manipulation are reported which
make it possible to perform high field conductance
measurements with simplicity and speed, but with
no sacrifice of precision. This is in contrast with
previously reported methods, in which high pre-
cision and simplicity of manipulation have been
found incompatible. Some preliminary high field
conductance measurements are reported for mag-
nesium and zinc sulfates and for acetic acid to in-
dicate the capabilities of the method.

Il. Apparatus

A block diagram of the apparatus is shown in Fig. 1.

Fig. 1.— Block diagram of high field conductance measure-
ment apparatus.

Pulse Power Supplies.— The high voltage pulse power
supply consisted of a MIT Model 9 one-megawatt pulse
modulator unit. This device has been adequately described
by Glasoe and Lebaeqz.5 The unit is capable of develop-

(11) W. Fucks, Ann. Physik, [5] 12, 306 (1932).

(12) W. Huter, ibid., [5] 24, 253 (1935).

(13) W. A. Adcock and R. H. Cole, 3. Am. Chem. Soc., 71, 2835
(1949).

(14) 0. Bluh and Z. Terentiuk, J. Chem. Phys., 18, 1664 (1950).

(15) G. N. Glasoe and J. V. Lebaeqz, “Pulse Generators,” Yol. 5,
Radiation Laboratory Series, McGraw-Hill Book Co., Inc., New York,
N. Y., 1948, pp. 152-160.
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ing over one megawatt of pulse power into a 500-ohm load.
It was modified according to Glasoe and Lebaeqz,15 pp.
158-159, to give pulses between 0.5 and 5.0 microseconds
duration. In addition, the inductive recharging path for
the output storage condenser was entirely removed, so that
the conductance cells constituted the recharging circuit.
This caused the majority of the energy of one pulse to flow
in reverse direction through the cells during a short period
after a pulse and thus had the effect of converting what
otherwise would have been an unidirectional flow of current
into the equivalent of a single sine wave. Such an arrange-
ment was found to contribute markedly to the stability of
conductance in cells subject to pulse excitation.

Because of the convenience of the procedure, cell conduct-
ances at low fields were measured with square pulse excita-
tion also. Low voltage square pulses were provided by a
conventional arrangement of multivibrator and power
amplifier capable of providing pulses in the 0.1-10 micro-
second range at voltages adjustable from zero to 50 volts.

Oscilloscope.— A Tektronix Type 511A oscilloscope was
used for observation of pulse wave forms. The single trig-
gered sweep feature of this unit was essential to high field
conductance measurement, where balancing was done on
single pulses separated by periods of time as long as half an
hour. An actinic P-11 screen was employed for photographic
purposes. The second anode voltage was raised to 5000 volts
for added intensity when single pulses were to be observed.

Trigger Generator.— In order to coordinate the operation
of the oscilloscope and the low and high power pulse modula-
tors, a trigger generator was constructed. With this unit it
was possible to produce single pulses at will, or to produce
repeated pulses at a rate of 15 per second synchronized with
the line frequency. In either case, two output trigger
pulses were provided: one to the oscilloscope, and at an
appropriate time later a second trigger to the modulator in
use. It was thus possible to start the sweep of the oscillo-
scope and to center any length pulse on the scope trace for
convenience in observation.

Cells.— The conductance cells were used in pairs to take
advantage of the cancellation of heating effects due to the
passage of high field pulses. Measurements made under
such circumstances were relative, not absolute. Potassium
chloride or hydrochloric acid were the reference electrolytes.
Both cells were made from liter Pyrcx flasks with standard
taper closures (see Fig. 2). The electrodes were sealed

Fig. 2.—Cell for high field conductance measurement.
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in a compartment on the side of the flask with one connec-
tion near the bottom and another near the top of the flask.
When the solution in the flask was stirred with a magnetic
stirrer, effective circulation took place through the cell com-
partment. The provision of a large volume of solution and
the circulation of the solution through the cell compartment
were found to be essential to the avoidance of conductance
drifts after the passage of high field pulses. At the same
time, the closed cell could be handled in accordance with the
best conductance measurement practice.

The electrodes were of polished platinum discs, 16 mm.
in diameter and 0.5 mm. thick. A 14-gage platinum wire
was welded to the center of the disc, and a 2-mm. diameter
platinum tube of 0.1-mm. wall thickness was welded to the
wire near the disc. The thin walled tubing was intended
for sealing to Pyrex glass, but. it was found easier to work
uranium glass into a tube seal. Accordingly, uranium glass
was used for the entire cell compartment and was sealed
directly to the Pyrex glass of the cell flask. (Corning 3321
glass would probably be suitable.) The electrodes were
spaced one millimeter apart with a machined high purity
Armco iron spacer, and were clamped in correct axial align-
ment with two Armco iron clamps. The surfaces of the
spacer were carefully ground plane and parallel on a surface
grinder and later micrometer calipered to within one part in
1000. See Fig. 3 for a detail of the electrodes and elec-
trode clamp. After completion of the glass working, the
spacer and clamp were dissolved in 6 M nitric acid. The
electrodes were polished with fine abrasive paper before
assembly in the clamps. No platinization was employed.
After removal of the spacer assembly the cells were repeat-
edly washed with distilled water and finally steamed for one
hour. The electrodes were kept wet after an initial weigh-
ing of the cells thoroughly dry to establish the weight of the
cells for determination of concentration of solutions.

The cells were mounted on a Lucite insulating supportin a
thermostat filled with high quality transformer oil. The oil
was maintained dry by a bag of silica gel immersed therein.
The leads from the cells dipped into mercury cups to make
contact with the bridge circuit directly above the bath.
The solutions in the cells were stirred by small magnets
covered with Pyrex glass, coupled to magnets under the Lu-
cite support. These latter magnets were operated from
without the bath by a flexible shaft. The thermostat was
adjusted to 25.00 + 0.01° with a recently calibrated plati-
num resistance thermometer.

It is to be noted that no attempt was made to avoid spread-
ing of the field at the edges of the electrodes. With elec-
trodes 16 mm. in diameter and a spacing of only 1 mm. the
ratio of diameter to separation was considered to be large
enough that fringing effects might be neglected. Plans are
under way, however, to calibrate this type of cell against a
cell with guard ring, in order that an estimate of fringing
effects may be obtained.

Impedance Balancing.— Since two conductance cells were
employed in a relative measurement of the Wien effect, it
was necessary to balance only the change of conductance
with increasing field and any stray capacitance differences
in the cells and bridge wiring. Variable condensers Ci and
Ca were provided to balance capacitance. These capacitors
were variable high voltage insulated air dielectric units with
a rating of 15-75 mmL at 20 kv. maximum. The maximum
field obtainable in the cells was limited by the breakdown
of these condensers. Variable vacuum condensers would be
preferable.

Variable resistors Ri and R, in series with the cells were
used to compensate for cell unbalance resulting from con-
ductance changes with increasing field. The change in
Ri and R2 necessary to effect balance was taken as a direct
measure of the change in resistance of the cells. Three
General Radio type 668 compensated decade resistance
units were used in series for both Ri and R; to give a re-
sistance of 111 ohms maximum in 0.1-ohm steps.

The cell leads and all other leads in the bridge wiring were
kept as short as possible. All other connections were made
with properly terminated lengths of coaxial cable in order
to preserve the quality of wave forms and to avoid unwanted
radiation and reflections.

Differential Pulse Transformer Bridge Circuit— The
bridge circuit employed in these measurements consisted of
a differential pulse transformer (DP T), shown within dotted
lines in Fig. 1. Identical twin primary windings were
connected in opposition in series with the impedances pre-
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Steel Spacer

Fig. 3.— Detail of electrodes and electrode spacer assembly.

sented by the cells, balancing resistors and condensers.
The oscilloscope was used tc observe the wave form of the
voltage developed across the third winding. If equal cur-
rents, both in amplitude and in phase, should flow through
the two opposed primary windings, no net flux would result
in the core of the transformer and no voltage would be in-
duced in the third winding. If the impedances connected
in series with the power supply and the transformer wind-
ings should be unequal, unequal currents would accordingly
flow in the two windings, a net flux proportional to the de-
gree of unbalance would result, and a signal would be ob-
served upon the oscilloscope. Balance of the bridge circuit
was thus shown by a null in voltage from winding 3. This
circuit- has been mentioned briefly elsewhere.’6

The DPT circuit has been analyzed by applying the pro-
cedures outlined by Gardner and Barnesl7 with the follow-
ing results pertinent to its use as a bridge: (1) The circuit
is a general impedance bridge; any impedance Zi in one arm
of the bridge may be balanced by a like impedance Z2in the
other arm. (2) The balance point is independent cf the form
of the excitation function applied to the circuit, that is, the
balance is independent of frequency. The bridge may be
excited by a rectangular pulse, a distorted pulse, a step
function, or a sine wave so long as the transformer is capable
of passing the frequencies involved in the excitation func-
tion. (3) The sensitivity of the bridge is proportional to
the amplitude of the applied excitation. For maximum sen-
sitivity, the magnetizing inductance of the transformer
should be as large as possible and the coupling between the
primaries and the secondary should be as close as possible.
Also, the leakage inductance of the primaries should be
small, which requires that the primaries be closely coupled.
The unbalance voltage developed across the output winding
is directly proportional to the unbalance in the conduct-
ances of the complex impedances in series with the two pri-
maries. For small differences, the unbalance voltage is
proportional to the resistive unbalance in the two imped-
ances. One is thus justified in the use of linear interpola-
tion on photographs of the oscilloscope patterns to find the
true balance from two off-balance signals produced by a
known change of resistance in one arm of the bridge. (4)
To minimize the effect of residual capacitances and induct-
ances in the transformer itself, as well as to obtain the de-
sirable features which contribute to high sensitivity (as in
3, above), the physical dimensions of the whole transformer
must be small and insulating materials with low dielectric
constant are to be preferred. (5) In addition, if pulse ex-
citation is to be employed in the 0.1 to 10 microsecond range,
good frequency and pulse response will again require that
most of the above criteria for good design be fulfilled. In
particular, close coupling, small size, small number of turns,
and small distributed capacitance are necessary.

These requirements have been successfully met in a dif-
ferential pulse transformer wound on a 3-mil Hypersil core
(Westinghouse No. 131 7996) with two windings each of 89
turns of #30 heavy Formvar insulated copper wire and one

(16) J. A. Gledhill and A. Patterson, Jr., Rev. Set. Instruments, 26«
960 (1949).

(17) M. F. Gardner and J. L. Barnes, “Transients in Linear Sys-
tems,” John Wiley and Sons, Inc,, New York, N. Y., 1942.
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of 107 turns of # 32 Formvar layer wound and distributed
on both legs of the core. The primaries were kept in as
nearly identical geometrical relation as possible.l8 The re-
sulting transformer was impregnated with a thermosetting
varnish.

An analysis of the entire circuit including the pulse power
supplies, the measured impedances, and the transformer re-
veals these additional features: (1) Since it will not in general
be possible to wind the transformer so that the two primaries
are precisely similar electrically, it will be necessary to in-
sert a reversing switch to interchange the two windings and
to determine the true balance from the mean of the two
values thus obtained. As is customary, if the difference
is small, the arithmetic mean may be employed. (2) If the
source of power has a finite internal impedance the balance
conditions are not affected. The off-balance currents are
necessarily reduced somewhat by a finite source impedance
so that it is advisable to keep the latter as low as possible
for maximum sensitivity. (3) The resistances of the trans-
former windings will affect the sensitivity in much the same
way, and are thus best kept small. In order that the re-
versing of the two windings may give a correct result for the
balance, the resistances of the two primaries must be as
nearly equal as possible. (4) The presence of transients in
the output voltage from the transformer which coincide with
discontinuities in the input pulse impose two limitations on
the applicability of the circuit. The input pulse must be
long enough so that there is an undisturbed portion of the
output pulse long enough to permit one to judge the ap-
proach to a null, and the transients must not be of such
amplitude as to saturate the transformer core or oscilloscope
amplifiers or to puncture the insulation of the transformer
or associated circuits. (5) The influence of differing earth
admittances on this bridge circuit is greatly minimized in
comparison to the usual bridge. The close coupling re-
quired between tle windings causes any effect in one arm of
the bridge to be reflected almost equally in the other arm.
As a result, elaborate shielding of the bridge components
with all its attendant difficulties is not necessary. (6) When
the bridge is in balance, no flux exists in the transformer core
and consequently no reverse electromotive force exists
across the primary windings. In consequence, all of the
input pulse power is applied across the impedances in series
with the primary windings. This results in considerable
economy in pulse power generation; greatly simplifies the
construction of the transformer, which need not thus be in-
sulated for high voltages; and permits one easily to compute
the field strength applied to the impedances. This is in
contrast with the usual Wheatstone bridge, where, for maxi-
mum sensitivity, equal bridge arms are required. In such a
case only half the input voltage would be applied to the
measured elements, the bridge arms would have to be con-
structed to withstand high voltages, and the measuring arm
would be raised high above ground potential. This is of ob-
vious importance in high field measurements, and consti-
tutes one of the most attractive features of the DPT bridge
performance.

111.  Experimental Procedure

A solution, the high field conductance of which was to be

(18) The resistances of the windings of two transformers constructed
in this manner were measured on a General Radio type 650A impedance
bridge with the following results: transformer 1, winding 1 1.51 ohms,
W 2 1.47 ohms, W 3 2.73 ohms; Tr 2, W 1 1.46 ohms, W 2 1.49 ohms,
W 3 2.73 ohms. The inductances of the windings and the DQ dial
readings measured at 1000 c.p.s. on the same bridge were: Tr 1, W 1
3.19 millihenries, DQ = 7.5, W 2 3.20 mh.,, DQ = 7.5, W 3 473 mh,,
DQ = 6.5, Tr2, W 1238 mh, DQ = 6.0, W 2 2.39 mh.,, DQ = 6.0,
W 33.59 mh, DQ = 5.1. The inductance of winding 1 of transformer 1
was measured as a function of frequency on a Western Electric D170370
bridge; this bridge is capable of much greater precision than the GR
650A bridge, as well as being more accurate. The results were as fol-
lows: at 2 kilocycles, 2.8440 millihenries; 5 kc., 2.8044 mh.; 10 kc.
2.7389 mil.; 20 kc., 2.5961 mh.; 50 kc., 2.2278 mh.; and 100 kc., 1.7863
mh. The resistance balance was not recorded for these measurements,
but was found to change appreciably as the inductance dropped.
These figures all suggest that an improved core material such as the
recently available feTrites would decrease the losses in the transformer
and markedly improve the frequency response. Also, the different
inductance and Q values for the two transformers indicate that con-
siderable care in the assembly and core positioning and closure of the
transformers will be necessary.
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measured, was placed in one cell and a solution of potassium
chloride or hydrochloric acid was placed in the other. Be-
cause the high voltage pulse modulator would not operate
properly into a load impedance much less than 500 ohms, each
cell was required to have a resistance of 1000 ohms.~ The
concentration of electrolytes investigated was thus limited
to approximately 10~4molar with the cellsemployed. Each
cell had previously been weighed while dry. Before use
each cell was steamed for one hour, cooled, and filled with
approximately 1000 g. of conductivity water. The cells
were closed with a standard taper cap containing a sintered
glass gas bubbler tube extending nearly to the bottom of
cell. Purified nitrogen was then bubbled through the water.
With the cell at room temperature, 25°, the resistance was
measured with the DPT bridge circuit with 10-volt 4-mi-
crosecond pulses applied. When the conductivity of the
water had reached a satisfactorily low value the bubbler
was removed and the cell capped with its usual closure. The
joints were lightly greased near the lower perimeter with
Apiezon grease. The cells and water contents were each
weighed. Each cell w-as then placed in the thermostat on
the Lucite cell holder, an operation which at the same time
established the necessary connections to the bridge circuit.
The cells were allowed to come to temperature equilibrium
and the conductance of the water determined; this was
usually lower than 0.4 X 10~6 ohm. A suitable amount of
stock solution of electrolyte was placed in one cell at a time
from a weight buret. The resistance of the cell was meas-
ured during this operation versus a decade resistance box and
variable condenser in parallel in the other arm of the bridge.
Addition was cautiously continued until the cell showed a
resistance in the vicinity of 1000 ohms. The resistance of
the cell containing the electrolyte which would show the
larger change in conductance with high field excitation was
made appropriately larger than that of the cell containing
the reference electrolyte. Thus, at the highest fields the
cells would have nearly the same resistances. In this way
the values of the compensating resistors in the circuit with
the high fields applied would be at a minimum, lessening the
voltage gradients and possibility of dielectric breakdown in
the decade resistors. The cells were allowed to come to
equilibrium until the conductance was stable to within a
few tenths of an ohm. All these measurements were carried
out with low field pulse excitation using 15 pulses per second
repetition rate.

Measurements were then made with successively increas-
ing pulse voltage up to a maximum of 200 kv./cm. field in
the conductance cells. Each high field measurement was
alternated with a low field measurement to assure that the
cell was at proper temperature and that no untoward or un-
noticed irreversible conductance changes were taking place.
High field measurements were made with single pulses to
minimize heating and other conductance-disturbing effects
of passing large currents (c.g., 10 amperes at 20 kv.) through
the cells. Because of the special properties of the DPT
bridge circuit (to be discussed below with details of the bridge
balancing procedure) this could be accomplished with a mini-
mum of repetition of the high field excitation.

Pulse voltages were determined by direct measurement
with a calibrated capacitative voltage divider and the os-
cilloscope.

C.p. potassium chloride was recrystallized twice from
conductivity water, dried in an oven, and fused in a current
of dry nitrogen in a weighed platinum boat. A stock solu-
tion was made up by weighing the boat and contents and dis-
solving the contents into a weighed quantity of conductivity
w'ater. The platinum boat was left in the solution.

C.p.magnesium sulfate was recrystallized three times from
conductivity water. The resulting salt was dried at 70°,
ground in an agate mortar, dried at 125°, again ground,
and finally heated at 400° for two hours in a platinum dish.
The salt, assumed to be anhydrous magnesium sulfate, was
dissolved in the requisite amount of conductivity water to
give a stock solution. This solution was analyzed by
weighing a portion, evaporating the water carefully, and
finally heating the platinum dish to 1000°. The residue
was assumed to be magnesium oxide. Three such deter-
minations by evaporation together with the concentration
determined from the weighed quantity of anhydrous mag-
nesium sulfate dissolved to make the solution gave the result
0.1180 + 0.0002 molar.

A zinc sulfate stock solution was prepared and analyzed
in essentially the same manner.
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Fig. 4.— Pulse forms observed with differential pulse transformer bridge circuit: A, two microsecond input pulse; B,
unbalance wave form with two carbon resistors; C, balance wave form with two carbon resistors and GR 670 F decade

resistance box;
balance wave form with capacitors;

A B C

Fig. 5.— Pulse forms observed with differential pulse transformer bridge circuit:

D, E, same as A and B, respectively, except with ordinary uncompensated decade resistance boxes;
G, balance wave form with capacitors and GR 722 variable capacitor.

F, un-

D E

A, P, unbalance and balance wave

forms with inductances and 1000 microsecond pulse: C, parallel R-C circuit, both unbalanced; D, parallel R-C circuit,
capacitance approximately balanced but resistance unbalanced; E, parallel R-C circuit, both R and C in balance.

Suitably diluted solutions of reagent quality acetic and
hydrochloric acids were used without purification.

IV. Results

The three components of impedance—resistance,
capacitance and inductance—affect the shape of
square pulses differently in the differential pulse
transformer bridge circuit. In a parallel combina-
tion of R, L and C not balanced by a like combina-
tion of R, L and C in the other arm of the bridge,
unbalanced R gives a voltage output proportional
to the degree of unbalance, unbalanced L integrates
the pulse, and unbalanced C differentiates the
pulse. It is thus possible to determine from a
glance at the pulse which components are out of
balance and to correct for each independently
by removing, for L, the slope on the center of the
pulse, for C, the oppositely directed spikes at the
beginning and end of the pulse, and for R, the devia-
tion of the oscilloscope trace from the base line.
Complex combinations of reactive elements are
difficult to interpret on the basis of pulse shape.
The photographs of Figs. 4 and 5 show some
typical pulse shapes. These photographs were
made with repeated exposures; single pulse photo-
graphs, while perfectly readable, are not well suited
for reproduction. Accordingly no pulse signatures
with conductance cells are shown. The R-C
combination, Fig. 5, C, D and E, gives a good repre-
sentation of conductance cell patterns at low fields.

In Fig. 4A, a 2-microsecond input pulse is shown.
Figure 4B was obtained with two 1000-ohm nominal
valued carbon resistors. Figure 4C shows the
balance condition when the resistance unbalance
was made up by the insertion of resistance from a
General Radio Type 670 F compensated decade
resistance box. Carbon resistors are comparatively
free from reactive components at these frequencies.
Ordinary decade resistance boxes have distributed
inductance and capacitance, however, and give rise
to less clean-looking pulse shapes such as in Figs.
4D and 4E. The residual reactive components in-

troduce the oscillatory transients at the beginning
and end of the pulse. A perfectly satisfactory
balance could nevertheless be obtained on units
which were never intended to operate at frequencies
near 500 kc. In Figs. 4F and 4G are shown the
results of balancing two 300 M- capacitors. One
of the capacitors was variable and had appreciable
lead inductance; this is reflected in the oscillatory
transient on the pulse.

In Figs. 5A and 5B are shown pulse shapes ob-
tained on balancing two 2.8 millihenry inductances,
one of which was variable. The pulse length was
1000 microseconds. The inseparable distributed
capacitance in the inductances gives rise to the
violent oscillations. The DPT in this case was an
ordinary audio output transformer. Figs. 5C, D
and E show a common case in conductance measure-
ment, a parallel R-C circuit. In Fig. 5C both R
and C are out of balance. In Fig. 5D the capaci-
tance has been approximately balanced, and in
5D both are in balance.

After an extensive series of measurements to
study the utility of the bridge for short pulse be-
havior of various R-L-C combinations, we have
concluded that it is comparatively easy to attain
precisions of measurement in the order of 0.1%
while employing pulses of 1-5 microseconds dura-
tion and ordinary variable and decade impedance
standards. If sufficiently simple combinations
are being measured, and if it is possible under prac-
tical circumstances to balance residual inductances
and capacitances, precision of measurement in the

range 0.01% may be readily achieved. The
accuracy attainable will be comparable if the
standards are sufficiently well known. These

measurements are not of particular interest here,
but it is important to recognize that the conduct-
ance cell is a complex impedance which is only
approximated by a parallel R-C circuit, and that
the precision of measurement with conductance
cells will depend markedly upon the degree to which
the assumption of a parallel R-C circuit approaches
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the equivalent circuit of the cell. Accordingly,
precisions of measurement such as those men-
tioned may not necessarily be claimed when con-
ductance cells are the unknown impedance.

In high*field conductance measurements with
magnesium and zinc sulfates measured relative to
potassium chloride we have found the assumption
of a parallel R-C circuit to be reasonably satis-
factory. It was found that the external capaci-
tance necessary to achieve balance between the
cells containing the two solutions did not change
appreciably—less than 5 wrf—at all field strengths
thus far studied. No difficulty was noted in achiev-
ing balance with unplatinized electrodes, a fact
which is to be attributed to the high frequencies
employed. (It will be recalled that the Fourier
analysis of a single square pulse contains all fre-
quencies.) However, the oscilloscope wave forms
obtained at high fields with conductance cells are
noticeably less well defined than with R-C circuits
made up of relatively pure circuit elements. This
can only be interpreted as meaning that there are
residual reactive components which have not been
properly accounted for.

Although the principal claim for this new bridge
technique is its usefulness for high field conductance
measurement, it may be mentioned that low field
conductance measurements may lIre carried out in
the same manner. Since the high frequencies in-
volved make balancing possible without resort to
platnization of the electrodes or tedious multi-

Table |

The High Field Conductance of an Aqueous Solution
of Magnesium Sulfate Relative to Potassium Chloride

at 25°

MgSOu 1.733 X 10“4molar KC1: 2.942 X 10-4 molar
Ro = 1010.75 ohms RO = 985.95 ohms
Experimental results:
Field, Rv X = AX Xa
kv./lem. (MgScCuU) 1/Rv AX %
0 1010.75 9893.64 0.0 0.0
10 1008.00 9920.63 26.99 .273
20 1003.10 9969.10 75.46 .763
30 998.00 10020.0 126.40 1.278
40 994.60 10054.3 160.65 1.624
50 991.35 10087.2 193.61 1.957
60 989.40 10107.1 213.50 2.158
70 986.85 10133.2 239.61 2.422
80 985.10 10151.2 257.61 2.604
90 983.50 10167.8 274.13 2.771
100 982.30 10180.2 286.55 2.896
120 980.25 10201.5 307.84 3.111
150 977.50 10230.2 336.54 3.402
180 975.35 10252.7 359.09 3.630
200 974.10 10205.9 372.25 3.763
Onsager-Wilson theory:
A° MgSO. = 133 A» KC1 = 149.86
Field, Relative,
3cv./cm. Ax % Ax % %
0 126.62 0.0 148.24 0.0 0.0
10 127.01 0.308 148.29 .033 0.275
30 128.21 1.249 1.10
60 129.02 1.891 1.61
100 129.51 2.281 148.78 .362 1.920
200 130.02 2.684 148.91 454 2.230
300 130.23 2.845 148.97 492 2.353
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frequency measurements, it is then possible to work
with extremely dilute solutions without difficulty
due to adsorption of the electrolyte on the electrode
surfaces. Further, pulsed-bridge studies of pulse-
rated components, e.g., radar pulse transformers,
vacuum tubes, high power electroacoustic trans-
ducers, and so on, have not been previously re-
ported, so far as is known to the authors; for high
power pulse impedance measurements, this bridge
network is especially well suited.

Table 1 lists experimental data and results for a
determination of the high field conductance of
magnesium sulfate relative to potassium chloride.
Theoretical values computed from the equation of
Onsager and Wilson9

Llei P~

%500jfc_«il2«f(a) (1)
2DkT 9%

6 V 2 777 300

A = A° -

are included for reference. The symbols are those
of Harned and Owen.98 The disparity between
the experimental and theoretical results is of the
same order as found by Wien,Dalthough the data
cannot be directly compared with those of Wien
because of his different concentration and uncer-
tainty as to the temperature of his measurements.
The fact that the experimental results are higher
than the theoretical has been attributed to the
presence of ion pairs in the 2-2 electrolyte.D

Table 11 lists similar data for the high field con-
ductances of zinc sulfate relative to potassium
chloride. In both Tables I and Il the Wien effect
of the potassium chloride reference solution has
been corrected in the theoretical results by com-
putation, using equation (1). See also ref. 19.

Tabite Il

The High Field Conductance of an Aqueous Solution

of Zinc Sulfate Relative to Potassium Chloride at 25°

Zns04 164 X 10“4 molar KC1: 2.88 X 104 molar
Ra = 1044.90 ohms RO = 998.25 ohms
Experimental results:
l'j/ellgr'n R\ (ZnS04) AX e %
0 1044.90 9570.3 0.0 0.0
10 1041.50 9601.5 31.25 327
20 1035.50 9657.2 86.88 .908
50 1023.30 9772.3 202.02 2.111
80 1015.50 9841.4 277.08 2.895
100 1012.05 9880.9 310.64 3.246
150 1008.15 9919.2 348.87 3.645
180 1006.25 9937.9 367.60 3 841
Onsager-Wilson theory:
) A® ZnS04 = 133 A® KC1 = 149.86
Field,
kv./cm. Ax % Ax % Relative, %
o 12679 0.0 14824 0.0 0.0
50 128.92 1.674 148.61 .248 1.426
100 129.63  2.233 148.78 .362 1.871
200 130.12 2.619 148.91 454 2.165
300 130.31 2.773 148.97 492 2.281
Table 111 lists high field conductance data for
acetic acid relative to hydrochloric acid. It was

found impossible to determine the high field con-
ductance of acetic acid relative to potassium chlo-
(19) See also, F. E. Bailey and A. Patterson, J. Am. Chem. Soc., 74,

4756 (1952).
(20) M. Wien, Ann. Physik, 85, 795 (1928).
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ride. Effects which appeared to result from
polarization in the case of the acetic acid made it
impossible to obtain a balance on the oscilloscope.
These effects were not noticeable when acids were
used in both cells. Since the change of resistance
is in this case much larger than with the strong
electrolytes above, the high fields have been cor-
rected for the voltage drop across the compensating
resistors, Ri and Ro. The data extrapolate to a
negative intercept which has been interpreted as
due to the incomplete attainment of unit activity,
even in the dilute solutions employed. This
intercept, —1.50%, corresponds to an activity co-
efficient of 0.985. The theoretical computation,
made with the aid of Onsager’s equations?

b3
g +

where s = 9.636 v /D T for a 1-1 electrolyte (2)

b2
FGs) =1+ ¢ + g +

Koo = ROFE6) =
o ] X — Xq AX
ao Xo Xq

has been corrected for this negative intercept.
The experimental data correspond closely to the
theoretical, falling slightly below at high values of
the field. Schiele’s valueslO fall above the theo-
retical by a somewhat larger amount.

In these determinations the precision of measure-
ment of the quantity AX/X0is in the order of 0.03%,
absolute. In other words, the difference between
the per cent, fractional conductance change on suc-
cessive measurements on the same solutions at the
same value of field is no greater than 0.03. This is
a factor limited principally by the uncertainty of
balance due to transient oscillations on the pulses
observed, rather than the precision ultimately at-
tainable with the circuit. It is hoped that a better
understanding of the equivalent circuit of the
conductance cells will permit an improvement in
residual impedance balancing and a reduction in the
transients observed. The field strength is believed
to be known to within 1%.

It should be pointed out in comparing these
results with those of Wien and his co-workers that
square pulse excitation eliminates any uncertainty
as to the proper maximum value of field strength,
and that an oscilloscopic presentation which permits
balancing of the several components of an im-
pedance will eventually permit a better under-
standing of conductance cell behavior under high
field excitation. The DPT circuit makes this

M easurement of the High Field Conductance of Electrolytes
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Table Il

The High Field Conductance of an Aqueous Solution

of Acetic Acid Relative to Hydrochloric Acid at 25°

HAcO: 7.7 X 10 4 molar HC1: 11 X 10-4 molar
Ro = 1069.75 ohm.- R0 = 1027.0 ohms
Experimental results:

Field, A
kv./cm. Kv(HACO) X - A\ x+ 0
0 1069.75 9348.0 0.0 0.0
20 1066.0 9380.9 32.88 .351
30 1061.6 9419.7 71.76 .768
50 1051.3 9512.0 164.05 1.755
60 1045.9 9561.1 2J33.16 2.280
90 1028.0 9727.6 379.65 4.061
100 1022.1 9783.9 435.80 4 662
136 1001.1 9989.0 641.03 6.857
145 996.1 10039.1 691.17 7.394
172 983.0 10172.9 824.95 8.825
189 975.3 10253.2 905.27 9.684

Onsager’s theory: A» HC1 = 426.16
Field, HACO, HC1, Relative,
kv./lcm. % % %
0 0.0 0.0 0.0
50 3.135 174 2.961
100 6.419 .209 6.210
200 12.923 .236 12.687

The slope of the above curve corresponds to an intercept of
-1.50%:

Field, (Relative, Vo)
— 15

kv./cm.
0 — 1.50
50 1.461
100 4.710
200 11.187

possible for the first time. The general method
described makes possible a rapid measurement of
high field conductance with a precision comparable
to the tedious integrating method of Malsch and
Wien. Since the present method is not an integrat-
ing one, but one which permits an instantaneous
view of circuit behavior, it is felt that the precision
claimed is truly indicative of the success with which
the item actually sought, AX/X0, has been measured.
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THE ALKALINE HYDROLYSIS OF MONOETHYL MALONATE ION IN
ISODIELECTRIC MEDIA
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The effects on the kinetics of the alkaline hydrolysis of monoethyl malonate ion due to changing dielectric constant and

to changing solvent system were studied at 25.08°.

The rate constants were determined for solvent systems having dielectric

constants of 50, 60. 70 and 75. The solvent systems were dioxane-water, acetone-water, ethyl alcohol-water and isopropyl

alcohol-water.
theories.

The alkaline hydrolysis of monoethyl malonate
ion has been studied previously.2-4 Recent studies
by Svirbely ancl Mador4 were carried out in two
solvent systems, namely, dioxane-water and t-
butyl alcohol-water in the dielectric range of 50
to 60. In this research, data were obtained at
25.08° in the dielectric constant range of 60 to 75
for the dioxane-water system and in the dielectric
range of 50 to 75 for three other solvent systems,
namely, acetone-water, isopropyl alcohol-water,
and ethyl alcohol-water, with the purpose of testing
the theory of the change in rate with changing di-
electric constant of the medium for an ion-ion
reaction of like charge sign.

Materials and Apparatus

Potassium Ethyl Malonate.—This salt was prepared by
Mador.4 Saponification analysis indicated a purity of 100
+ 0.1%.

Dioxane.— Commercial dioxane was purified by a stand-
ard procedure.5 nw was 1.4221.

Acetone.—Commercial acetone was purified by a standard
procedure.6 nlaD was 1.3588.

Ethyl Alcohol.— Absolute ethyl alcohol was purified by
the method of Lund and Bjerrum as described by Fieser.7
naDwas 1.3613.

Isopropyl Alcohcl.—Commercial isopropyl alcohol was
purified bv a method given by Weissberger and Proskauer.8
n»D was 1.3777.

Water.—Freshly boiled, distilled water was used in pre-
paring all solutions.

Apparatus.— All apparatus used and their calibrations
have been previously described.4

Experimental Method

The preparation of reaction mixtures and the experimen-
tal procedure in carrying out a run were essentially the same
as before.4

In the case of acetone-water mixtures, the color change of
the mixed indicator of phenolphthalein and thymol blue was
not distinct. A 0.1 molar solution of phenolphthalein in
alcohol was determined by pH measurements to be suitable
as an indicator for t.ie titration in the acetone-water system.

The weight percentages of dioxane, acetone, ethyl alcohol
and isopropyl alcohol-water mixtures corresponding to any
specific dielectric constant at 25.08° were obtained by inter-
polation of the data of Akerlof.9

(1) Abstract from a thesis submitted by B. W. Lewis to the Gradu-
ate School of the University of Maryland in partial fulfillment of the
requirements for the degree of Master of Science.

(2) M. Ritchie, J. Chem. Soc., 139, 3112 (1931).

(3) F. H. Westheimer, W. A. Jones and R. A. Lad, J. Chem. Phys.,
10, 478 (1942).

(4) W. J. Svirbely and I. L. Mador, J. Am. Chem. Soc., 72, 5699
(1950).

(5) L. F. Fieser, “Experiments in Organic Chemistry,” 2nd ed.,
D. C. Heath and Co., New York, N. Y., 1941, p. 368.

(6) Reference 5, p. 363.

(7) Reference 5, p. 359.

(8) A. Weissberger and E. Proskauer, “Organic Solvents,” Claren-
don Press, New York, N. Y., 1935, p. 125.

(9) G. Akerlof, 3. Am. Chem. Soc., 54, 4125 (1932); G. Akerlof and
O. A. Short, ibid., 58, 1241 (1936).

Studies in methyl alcohol-water systems were unsuccessful.

The data are examined in light of existing

The densities of acetone, ethyl alcohol and isopropyl
alcohol at 25° were taken from the literature.* The den-
sity of dioxane was takenibas 1.030 at 25°. These values
were used in transforming weight data to volume data.

Calculations and Discussion

Evaluation of Rate Constants.—The time-
concentration data at 25.08° for the reaction in the
ethyl alcohol-water mixtures having a dielectric
constant of 50 are given in Table I. The k's were
calculated by use of the second-order equation
where both reactants have initial concentrations,
namely

Kh ~ tl) = £ - (v (1)

A pair of consecutive samples for a run was used in
each calculation of «.
The ionic strength for this reaction can be ex-
pressed4 by the equation
u=2C + x + S (2)

where Co is the initial normality of both reactants

Table |
D ata in Ethyl Alcohol-W ater Mixtures, D = 50,
t = 25.08°
K, ke,
Time. liter/ liter/
min. Normality \/ii(mean) mole-min. mole-min.
Run 1 Initial X ==0.01393
6.0 0.01353
21.5 .01276 0.1693 0.288 0.147
40.0 .01171 1719 .287 .145
120.0 .00938 .1768 .286 142
Run 2 Initial X = 0.01441
6.0 0.01371
21.0 .01294 0.1703 0.29 0.147
46.5 .01179 1731 .296 .149
76,0 .01069 1763 .296 147
120.0 .00944 1796 .283 .139
Run 3 Initial x = 0.01389, Nad = 0.1966 A"
6.0 0,01289
16.0 .01188 0.4753 0.660 0.145
28.5 .01082 4763 .659 .145
43.0 .00980 AT75 .665 .146
65.0 .00857 4787 .665 .146
Run 4 Initial X = 0.01398, NaC'l = 0.1965 A'
7.0 0.01280
17.0 .01186 0.4755 0.656 0.145
29.5 .01079 4766 .669 147
66.0 .00857 4783 .656 144
k\v =0.146
(10) (a) “ International Critical Tables,” Vol. Ill, p. 27-33; (b) I. L.

Mador. Thesis. University of Maryland, 1950.
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(equal concentrations), s is the normality of the
uni-univalent electrolyte and x is the amount of
material in moles per liter which has reacted. Since
each value of k corresponds to an ionic strength
range, the mean value of the ionic strength for two
consecutive samples is given in the third column
of Table I.

The values of the limiting velocity constant k° at

vV = 0were obtained by use of the equation4

3.647 X 10sV m
log A— —— ——  (@3)
(DTYA + 5028 X 109atDT\/'n

log A0 =

As before,4a value of a, was determined by trial
and error through use of equation 3 which gave the
most consistent values of k° over the ionic strength
range. The values of a; which were found to fulfill
the above criterion in each solvent system are given
in the second column of Table Il. It is evident
that they depend on the nature of the solvent.
The last column of Table | lists the values of k°
for the reaction in ethyl-alcohol mixtures at a
dielectric constant of 50 as an illustration of the
consistency of the f©° values using a value of a\
equal to 2.3 A.

Table Il

Solvent ai (vol.D r (voi. r (mole

system concn.). A. conca.), A. fraction), A.
Water" 4.8 4.0 2.6
Dioxane-water 4.8" 5.7 3.9
/-Butyl alcohol-water 4.3%
Acetone-water 4.0 2.3 1.7
Isopropyl alcohol-water 3.5 3.7 2.4
Ethyl alcohol-water 2.3 2.1 1.6

“ These results were obtained in the previous study, ref. 4.

The average values of the limiting velocity con-
stants (7°) based on volume concentrations in liters
mole-1 min.-1 are given in Table IIl. These
limiting velocity constants (7t°) were corrected to
mole fraction rate constants (A%) by use of the equa-
tion4

o

AN 1000 (4)
and the results are given in Table I1l. A compari-
son of the data in the i-butyl alcohol-water and
dioxane-water media, had previously led4 to the
conclusion that mole fraction units were necessary.
On the basis of the data presented here for the
alkaline hydrolysis of the monoethyl malonate ion
carried out in a variety of solvent systems, one

Tabte Il

Summary of A° and An Values at 25.08° in the Various

Solvent Systems

Isopropyl Ethyl

Dioxane- Acetone- alcohol- alcohol-

Dielectric water water water water
constant (0 N k° *N ks
78.47a 0.807b 44.7s 0.799 44.2 0.792 44.4 0.774 428
75 722 38.7 686 35.7 .724 38.8 .654 34.3
70 .653 33.5 .560 26.7 .633 31.1 506 24.5
60 .513b 23.96 .430 17.1 271 111
50 .3746 15.6* 356 11.8 320 115 . 146 5.04

“ The values of f¢ and kt, for dielectric constant 78.47,
i.e., pure water as the solvent, were calculated using the
particular value of a, which was determined to be best for
the solvent system under consideration. bData taken from
ref. 4.

Alkaline Hydrolysis of Monoethyl

M alonate lon in Isodielectric M edia 1007

must conclude that a cnoice between mole fraction
concentration units and volume concentration units
cannot be made with any certainty.

Salt Effects.—The data in column 4, Table 1|
show the existence of a positive primary salt effect
for the reaction in the ethyl alcohol-water mixtures,
D = 50. Experiments carried out over an ionic
strength range in acetone-water mixtures, b =
60, and in isopropyl alcohol-water mixtures, b =
50, also showed the existence of a positive primary
salt effect. These results are in accord with
previous work.4

Effect of Solvents on the Rate at Zero lonic
Strength.—Figure 1 is a plot of log kP versus 100/D
for the solvent systems studied. Figure 2 is a simi-
lar plot of log An versus 100/ D. The equation de-
veloped by Scatchard,1l namely

Q9N | _ezake
oyr  ~ 2.303rTk ®

predicts a straight line plot at a given temperature
having a slope independent of the solvent except
for the possibility that the radius of the activated

1.2 13 1.4 1.5 1.6 1.7 1.8 19 2.0
100/70.

Fig. 1.— Influence of dielectric constant on the reaction rate
at zero ionic strength.

12 13 14 15 16 17 1.8 19 20
100/7).
Fig. 2.— Influence of dielectric constant on the reaction rate
at zero ionic strength.

(11) G. Scatchard, chem. Revs., 10, 229 (1932).
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complex differs with the solvent system. Refer-
ence to Figs. 1and 2 shows that linearity is obtained
in all cases at the higher dielectric values. With
the exception of the dioxane-water system, the
linearity extends to the inclusion of the f©° data
obtained in pure water as the solvent. It should
be emphasized that a separate calculation of «k°
was made from the data4obtained in the runs with
water as the solvent for each solvent system, using
the particular value of a; for that system. If the
value of a; determined for water as a solvent is used
to calculate the value of k¢ in water, then one k°
value only is obtained. The use of this single K
value in the plcts of Figs. 1 and 2 would lead to
curvature at the water end of the ethanol-water,
isopropyl-water and acetone-water curves. Since
this curvature is eliminated by our first method of
calculation, which is essentially a method that
allows for correction in water due to specific solvent
influences operating in a mixed solvent pair, it
appears to us in light of the linearity predicted by

D. M. Mason, 0. W. Wilcox and B. H. Sage

Voi. 5G

equation 5 that our first method of calculation
is to be preferred.

By use of equation 5 and the slopes obtained from
the linear portions of Figs. 1 and 2, the values of r,
the radius of the complex, have been calculated
and are given in Table Il. The order of magnitude
of the radii is not unreasonable in either concentra-
tion scale. However, it is apparent that as in the
case of the a, values, the values of r depend on that
nature of the solvent.

We would also like to report that runs were made
in methanol-water systems. However, values of
k increased markedly as the run proceeded. Refer-
ence to the fourth column of Table I shows that in
each run the values of k were essentially constant
over the small ionic strength range investigated.
Thus it was evident that some other reaction was
occurring in the methanol-water system which was
not taking place in the other systems studied.
Work in the methanol-water systems was there-
fore abandoned.

VISCOSITIES OF SEVERAL LIQUIDS1

By D. M. Mason, 0. W. Wilcox and B. H. Sage

Chemical Engineering Laboratory, California Institute of Technology, Pasadena, California
Received February 25, 1952

The viscosity of ethyienediamine, ethylenediamine hydrate, hydrazine and isopropylamine in the liquid phase was meas-
ured with a steel rolling ball viscometer over the temperature ranges 30 to 210°, 30 to 170°, 10 to 80° and O to 180°, re-

spectively. These measurements were carried out at pressures from bubble point to 250 atm.

Investigations also were

made of the viscosity in the liquid phase of commercial samples of red fuming nitric acid, white fuming nitric acid and
furfuryl alcohol at bubble point over the temperature ranges 10 to 120°, 10 to 120° and 30 to 130°, respectively. The latter
measurements were made in a rolling ball viscometer constructed of glass since the nature of these materials at high tempera-

ture precluded the use of a steel instrument.

Experimental

In principle, the rolling ball viscometer involves an in-
clined tube in which a closely fitting ball is permitted to roll
under the influence of gravity. The roll time may be em-
pirically related to she viscosity of the fluid. This type of
instrument was proposed by Flowers.2 A schematic dia-
gram and description of the steel viscometer used for the
measurements at elevated pressures in the present investiga-
tion are available.3 The sample was added to the evacu-
ated system through a suitable inlet. The roll time of the
ball was determined by the time elapsed between the signals
recorded on a chronograph when the ball passed inductance
coils wound on the exterior of the roll tube. These coils
were spaced 19.05 cm. apart. The uncertainty in time
measurements was 0.1%. Mercury was added or with-

Fig. 1.— Glass rolling ball viscometer.

(1) This paper presents the results of research carried out for the
Jet Propulsion Laboratory, California Institute of Technology, under
Contract No. W-64-200 ORD-455 sponsored by the U. S. Army Ord-
nance Department.

(2) A. E. Flowers, Proc. Am. Soc. Test. Mat., 14, Il, 565 (1914).

(3) B. H. Sage and W. N. Lacey, Trans. Am. Inst. Mining Met.
Engrs.. 127, 118 (1938)

drawn from an auxiliary chamber in order to change the ef-
fective volume of the system. The pressure within the vis-
cometer was measured by a balance.4 The tubing from the
balance was filled with oil and was connected to the viscome-
ter through an oil-mercury interface. The probable un-
certainty in the measured pressure was less than 0.1 atm.
The absolute temperature was established within 0.02° by
means of a platinum resistance thermometer. The tem-
perature of the agitated oil-bath surrounding the viscometer
was controlled within 0.04° of the desired temperature by
means of an electrical heater used in conjunction with a
modulated, droop corrected electronic circuit.

In Fig. 1 are presented the principal dimensions and ar-
rangement of the glass rolling ball viscometer employed in
the measurement of the viscosity of fuming nitric acid and
furfuryl alcohol. The sample was introduced by high
vacuum technique into the tube, which was closed at one
end. The other end of the tube was sealed while the lower
end was immersed in liquid air. A small glass ball shown at
A cleared the interior of the tube by approximately 0.03 cm.
The tube was located in an agitated air-bath and the tem-
perature of the sample was known within 0.5°.  The roll time
between marks on the tube was determined visually. No diffi-
culty was experienced in reproducing roll time within 0.5% .

Density data for the samples were obtained by measure-
ments with a pycnometer over the range of temperatures
where the vapor pressure is below that of the atmosphere.
Values of density at higher pressures were determined by
generalized relationships given in the literature.5 As has
been described3 the viscometers were calibrated with fluids
of known viscosity and for those cases where flow was not
in the laminar region suitable corrections236 were made for

(4) B. H. Sage and W. N. Laeey, ibid., 174, 102 (1948).
(5) K. M. Watson, Ini. Eng. Chem., 35, 398 (1943).
(6) M. D. Hersey and H. Shore, Meeh. Eng., 50, 221 (1928).
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deviation from the simple functional relationship that ex-
ists between viscosity and roll time in the laminar region.
The theory of a rolling ball viscometer has been discussed
in some detail elsewhere.78

Tabte |

Viscosity of Ethylenediamine

Viscosities of Several

1009

Liquids

Table IV

ViscosiTY of Isopropylamine

Temp., Bubble --------omomo-e-ee- —Pressure, atmospheres-------------------- »
°C. point 50 100 150 209 250
0 0.46051 0.4794 0.4998 0.5197 0.5412 .5610
10 .3998 4126 .4300 4470 4625 4758
20 .3500 .3620 .3761 .3900 4030 4140
30 .3082 .3179 .3295 .3400 .3501 .3610
40 2728 .2802 .2899 .2990 .3075 3176
50 .2455 .2528 .2603 .2689 .2766 .2849
60 .2249 .2319 ,2387 .2464 .2530 .2600
70 .2085 .2144 .2213 .2283 .2340 .2407
80 1941 .2000 2068 2127 .2180 2241
90 .1826 .1875 1937 .1992 .2048 .2100
100 1729 .1768 1826 .1879 .1931 11981
110 1632 .1680 .1730 .1785 .1839 .1886
120 .1551 .1601 1649 .1706 1760 1811
130 .1479 .1537 1586 .1647 1702 .1759
140 1411 . 1479 1530 .1600 .1663 1722
150 .135 142 149 .156 164 .170
160 129 .138 145 .154 162 .169
170 124 .133 143 .152 161 .166
180 119 129 140 .150 .150 .105

0 Viscosity expressed in centipoises.

Viscosity- of

Table V

Red Fuming Nitric Acid, W hite Fleming

Teomp., Butgble ----------- Pressure, atmospheres-
C. point 50 100 150 200 250
30 1.586" 1.632 1.689 1.720 1.760 1.789
40 1.260 1.292 1.328 1.364 1.392 1.412
50 1.033 1.053 1.082 1.116 1.140 1.162
60 0.853 0.873 0.896 0.922 0.946 0.970
70 .704 724 742 .761 .781 .804
80 .580 .599 .612 62S .642 .660
90 484 .500 511 521 .536 .544
100 412 425 435 442 .453 462
110 .362 372 .381 .386 .396 404
120 .324 .332 341 .345 .352 .361
130 .298 .304 .310 .316 321 .329
140 .275 .280 .287 .293 297 .304
150 .255 .260 .264 271 .276 .282
160 .236 .243 .247 .253 .259 .264
170 222 227 .232 .238 .244 .246
180 .207 212 .218 .223 .229 .233
190 195 .201 .205 .210 .216 .220
200 .184 .189 .193 .198 .202 .207
210 172 176 181 .185 .189 194
“ Viscosity expressed in centipoises.
Tabite Il
Viscosity of Ethylenediamine Hydrate
Temp., Bubble B . 1
°C. point 50 100 150 200 250 *
30 4.920“ s5.000 s5.100 5.170 5.350 5.460
40 3.320 3.400 3.450 3.500 3.550 3.650
50 2.410 2.440 2.460 2,510 2.550 2.610
60 1.830 1.870 1.900 1.920 1.960 1.985
70 1.440 1.470 1.487 1.510 1.530 1.550
80 1.135 1.160 1.170 1.190 1.210 1.225
90 0.900 0.920 0.930 0.945 0.970 0.980
100 725 .735 .745 .760 .780 .790
110 .585 .600 .605 .615 .630 .640
120 480 490 495 .505 515 .525
130 .400 410 419 424 431 440
140 .340 .350 351 .351 .378 .380
150 .299 .310 312 313 322 .330
160 .270 .270 .280 .280 .290 .290
170 .240 .240 .250 .260 .270 .270
OViscosity expressed in centipoises.
Tabite Il
Viscosity of Hydrazine
Temp., Bubble Vnt b, k-l
°C. point 50 100 150 200 250
10 1.240* 1.246 1.253 1.265 1.273 1.278
20 1.048 1.058 1.064 1.075 1.090 1.098
30 0.888 0.897 0.903 0.917 0.930 0.937
40 .765 775 .783 792 .800 .808
50 .665 .676 .682 .688 .696 .702
60 .582 .591 .598 .602 611 617
70 .508 518 524 .530 .538 .546
80 438 448 456 464 472 482

° Viscosity expressed in centipoises.

(7) R. B. Block, J. Applied Phys., 13, 36 (1942).
(8) R. M. Hubbard and G. G. Brown, Ind. Eng. Chem., Anal. Ed.,

15, 212 (1943).

Nitric Acid and Furfuryl Alcohol

Temp., Red fumingh  White fumingfr Furfuryl
°C. nitric acid nitric acid Alcohol
10 2.040¢ 1.013
20 1.635 0.875
30 1.350 .758 4.402
40 1.105 .651 3.236
50 0.925 .585 2.568
60 .785 .520 2.009
70 .670 457 1.631
80 .570 435 1.348
90 .490 .408 1.121
100 9 425 .391 0.950
110 .370 .386 .813
120 .315 .385 .708
130 621
“ Initial composition: weight fraction 0.833 HNO,;
0.143 NO»; 0.024 H2D. 6lInitial composition: weight
fraction 0.942 HNO3; 0.040 NO»; 0.018 H»0. cViscosity

expressed in centipoises.

Results

The smoothed experimental results for ethylene-
diamine, ethylenediamine hydrate, hydrazine and
isopropylamine are presented in Tables | through
IV. The changes in absolute viscosity of these
compounds do not exhibit abnormalities with re-
spect to the influence of temperature and pressure.
There is appreciable uncertainty in the values of
viscosity for isopropylamine at temperatures above
150° because of the relatively short roll times in-
volved. The data are presented at 250 atm. as
well as at bubble point. Table V records the vis-
cosities of red and white fuming nitric acid and fur-
furyl alcohol in the liquid phase as a function of
temperature at bubble point. The initial compo-
sition of the fuming nitric acid samples is pre-
sented in this table. The measurements were
made under isochoric conditions with a gas phase
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volume approximately Vs of the total volume of
the system. White fuming nitric acid requires an
extended period of time to come to chemical equilib-
rium at 90°. At temperatures above 90°9 the ex-
tent of the reaction is sufficient to affect the viscos-
ity measurements. Such effects were minimized by
making the measurements as rapidly as possible at
the elevated temperatures.

Values of the viscosity of four of these compounds
at atmospheric pressure are available. Informa-
tion concerning each of the compounds has been
obtained for the following temperature ranges:

(9) W. R. Forsythe and W. F. Giauque, J. Am. Chem. Soc., 64, 48
(1942).

M. E. Steidlitz, F. D. Rosen, O. H. Shiftett and W. Davis, Jr
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ethylenediaminel 20 to 116°;
25°; furfuryl alcoholl3 25°; and white fuming
nitric acid14 10 to 40°. In each of the tables the
viscosity has been recorded to one more significant
figure than is justified by the absolute accuracy of
the measurements. This number of significant
figures was carried in order not to lose accuracy in
interpolation and in the estimation of the deriva-
tives with respect to temperature and pressure.

(10) J. N. Friend and W. D. Hargreaves, Phil. Mag., 35, 57 (1944).

(11) P. Walden and H. Hilgert, Z. physik. Chem., 165A, 241 (1933).

(12) V. I. Semishin, J. Gen. Chem. (U.S.S.R.), 8, 654 (1938).

(1.3) Bulletin No. 83-A, Quaker Oats Company.

(14) “International Critical Tables,” Vol. V, McGraw-Hill Book
Co., Inc., New York, N. Y., 1929, pp. 10, 13.
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The range and total ionization of 1-234 a-particles in three inorganic and ten fluorocarbon gases have been measured.

In all cases the average energy utilization was found to.be about 30 e.v. per ion pair.

calculate constants in the Geiger equation.

Data on ranges have been used to

Finally, one constant, 8, has been found that permits calculation of the range

of U-234 a-particles in any of the gases in terms of atomic numbers and the initial velocity of the «-particle.

Introduction
In the study of radiation chemistry, the chemical
reactions of primary concern are those resulting
from the passage of charged particles or ionizing
radiation through matter. The initial step in this
process must involve the transfer of energy from

TO RELAY

(1) This document is based on work performed for the A.E.C. by
Carbide and Carbon Chemicals Company at Oak Ridge, Tennessee.
Address inquiries concerning this paper to W. Davis, Jr.

such a particle or quantum to molecules encoun-
tered along its path. This energy may be observed
in the form of charged ions or electronically excited
molecules.

Previous studies by Geiger2have shown definite
laws governing the range and total ionization
caused bjr an «-particle. The present investiga-
tion has been made in an attempt to expand these
relationships and to obtain experimental values
for a number of fluorocarbon gases which have just
recently become available.

Experimental

Apparatus.—The chamber used in these experiments is
shown in Fig. 1. It, consisted of a nickel shell which en-
closed a U-234 «-particle source plated on a 5-em. diameter
disk. This source, not collimated, was mounted about 5 cm.
above a collector plate and grid system; the grid was main-
tained at a —45 v. potential with respect to the plate. Asa
result of preliminary variations between —30 and —90 v.
the value —45 v. was found to be a noil-critical optimum,
with respect to instrument stability and current reproduci-
bility. A vibrating reed electrometer was used for current
amplification. Pressures were relayed through a Booth-
Cromer gage3to a Wallace and Tiernan gage. The entire
system was thermostated at 30 + 0.5°.

Materials.—All of the gases used, except fluorine, came
from standard commercial tanks and were used without
further purification. According to specifications the puri-
ties of these were in excess of 98%. The fluorine had a
purity greater than 95%.

Procedure.—After pumping the system to a vacuum of
less than 1 0 mm. of mercury and purging with the gas to
be studied, the apparatus -was filled to a pressure high enough
to prevent ionization between the grid and collector plate.
The gas was then pumped out in small increments with
pressure and current readings being taken after each pump-
ing. This procedure was followed until the gas had been
exhausted from the chamber.

(2) H. Geiger, Proc. Roy. Soc. {London), A83, 505 (1910).
(3) S. Cromer, U. S. Atomic Energy Declassified Report, MDDC-
803.



Nov., 1952

Results

In order to compare results of different experi-
ments, the current readings obtained at various
pressures were corrected to the reference state of
760 mm. and 0°. Current readings reported are in
arbitrary scale units and were corrected by equa-
tion (2).

760 T
Qo — X p X 273 (1)
where P is the pressure in mm., T is the tempera-
ture in degrees absolute, ij is the current reported,
and imis the current measured.

Similarly, the distance d, in mm., was reduced to

S.T.P. conditions by equation (2).
P 973
rfinmm.) = d3X ~ X -y (2)
where ds is the distance between the source and the
grid.

lonization curves obtained by use of equations
(1) and (2) are shown in Figs. 2, 3 and 4. Relative
values of total ionization, represented by the areas
subtended by the curves, and the range of U-234
«-particles in each of the gases studied are given in
Table I. A planimeter was used to measure the
subtended areas.

o 10 20 30
EQUIVALENT O01STANCE, d, AT STP-m.m.

Fig. 2.— lonization curves of inorganic gases.

Discussion

Experimentally, Geiger2 has shown the validity
of equations (3) and (4) for «-particle ionization.

R = hVlI 3)

/| = fcv2 4)

where R is the range of the a-particle in mm.,
| is the total number of ion pairs produced by one
alpha particle, V,, is the initial velocity of the alpha
particle, and fd and f2are constants.

lonization of Fluorocarbon Gases by U2% «-Particles
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0 5 10 15
EQUIVALENT DISTANCE , d, AT STP-mm

Fig. 3.— lonization curves of clilorofluoromethanes.

(¢} 5 10 15
EQUIVALENT DISTANCE, d AT STP-fTun.

Fig. 4.— lonization curves of various fluorocarbons.

It has been shown4 that the range of an a-
particle is related to the structure of the molecule
by equation (5).

i -5&zv-U <5)

4) S. C. Lind, “The Chemical Effects of Alpha Particles and Elec-
trons/’ Revised ed., American Chemical Society Monograph Series,
New York, N. Y., 1928.
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Table |
Range and lonization Values for U-234 a-Farticles
Relative Average
ion., lon energy Al X 1027, 8 X 1026
arbitrary RaDge, mm. pairs/a utilization, mm. X mm. X
Compound units Measd. Calcd. X 10-5 e.v./'ion pair i (sec./cm.)3 (sec./cm.)
A 6.91 30.0 30.6 1.73 27.5 6.87 9.64 6.623
N2 5.26 27.8 28.7 1.32 36.0 7.32 S.93 6.537
f2 5.52 24.9 24.3 1.38 34.4 8.66 8.00 6.928
chcif2 6.85 11.4 10.7 1.71 27.8 19.57 3.66 7.163
cf4 5.74 10.6 10.2 1.44 33 0 20.62 3.41 7.031
CCIFs 5.92 9.2 9.2 1.48 32.1 22.90 2.96 6.778
CC12Z2 6.70 8.1 8.4 1.68 27.9 25.18 2.60 6.547
CC1¥F 7.22 7.5 7.7 1.81 26.2 27.46 2.41 6.618
ecu 7.60 6.7 7.1 1.90 25.0 29.74 2.15 6.394
C2C1F6 6.05 6.0 6.0 1.51 31.5 34.86 1.93 6.728
c2i3F8 6.80 5.3 5.3 1.70 27.9 39.42 1.70 6.701
C,FsO 5.82 4.1 4.0 1.46 32.5 51.84 1.32 6.843
C4Fi0 6.22 3.8 3.7 1.56 30.4 56.50 1.22 6.893
Average value 6.753
95% confidence limits of average 6.753 + 0.131
95% confidence limits single value 6.753 =+ 0.471
or From equation (4) it is possible to calculate the
R = SIV/XAZiV* (6) number of ion pairs produced in nitrogen using U-

where Zxis the atomic number of an atom of type
i in the molecule, n, is the number of such atoms
present and 5is an empirical constant. Combining
equations (3) and (6), the value of 5 may lie deter-
mined.
5 = ki (7)
1

Measured values of the range are listed in Table
I.  Dividing these values by O, (1.46 X 109cm./
sec.)3 for the U-234 a-particlc, the value of /q
is obtained as shown in equation (3); 5is then ob-
tained in each individual measurement by equation
(7). It is apparent that the values for 5vary over
only a small range for all the gases listed in Table
I.  On the basis of this constancy of 5the average
has been used to obtain, by means of equation
(6), “calculated” values of the range of a U-234
«-particle in each gas. These calculated ranges
are listed in Table | for comparison with the meas-
ured values.

Evaluation of the ionization in terms of total
number of ion pairs produced has been made by the
use of Bragg's values4 of ionization, he., the total
number of ion pairs from a RaC' «-particle in air,
2.37 X 105 and the ratio of the number of ions
produced in nitrogen to the number of ions pro-
duced in air, 0.96. Thus, with a RaC' a-particle
traveling at an initial velocity of 1.92 X 109cm./
sec., 2.275 X 105ion pairs are produced in nitrogen.

234 «-particles with an initial velocity of 1.46 X
109 cm./sec.

2.275 X 105 = t,

K,

|

(1.92 X 109)2
6.17 X 10~14
6.17 X 10“14 X (1.46 X 1092
1.315 X 105ion pairs/a-partiele

nononXx

From Table I it may be seen that for nitrogen ioni-
zation, 5.26 units represent 1.315 X 105ion pairs,
or lunit represents 2.50 X 104ion pairs. Since the
scale units are proportional to the number of ion
pairs, multiplying the former by the factor 2.50
X 104 yields the total number of ion pairs pro-
duced by a U-234 «-particle. lon pairs per a-
particle calculated by this method are shown in
Table 1.

lonization energies, calculated by dividing the
energy of the a-particle by the number of ion pairs,
are shown in Table I. A comparison of these
values with ionization potentials of the fluoro-
carbons would allow an estimation of the fraction
of the total «-particle energy that is used in molec-
ular ionization. At the present time ionization
potentials have not been determined for fluoro-
carbons.

Acknowledgments.—The authors wish to express
their gratitude to (Ur. AT. J. Bartkus and Air. J. H.
Lykins of the Laboratory Division for their help in
designing and constructing the ionization chamber
and current amplifier, and to Drs. S. C. Lind and
H. A. Bernhardt for their helpful comments.
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The density, refractive index, vapor pressure and surface tension of diaeetone alcohol, mesityl oxide and methyl isobutyl

ketone have been measured at various temperatures.

Good agreement is found between thée experimental values of the

molecular refractions, lyoparachors and parachors of the substances and those calculated by the summation of standard

atomic and bond constants.

The solubility of some of the halides of the alkali and alkaline earth metals has been determined

at various temperatures, and the composition of the addition compounds has been ascertained.

Introduction

The present work was undertaken because little
is known of the physical properties of the struc-
turally related substances, diacetone alcohol, mesi-
tyl oxide, methyl isobutyl ketone, no measurements
of the solubilities of salts in these media are re-
corded, and the only salt solvates described are
those of mesityl oxide with platinous chloride,
PtCI2(CH32Z=CHCOCH3;- and with mercuric
chloride, HgCI2(CH32Z=CHCOCH32

Standardizations and Controls

The barometer and the thermometers employed in the
work had been tested at the National Physical Laboratory,
Teddington, the weights were calibrated by the method of
Richards,3 and the volumetric vessels by weighing empty
and filled with distilled water. All readings were corrected
for known errors. Before the substances were examined by
their means, the pycnometer, refractometer, isoteniscope,
and apparatus for measuring surface tension were tested
with specially purified standard liquids to ensure that they
were giving correct and accurate values. The thermostat
used in the measurements of density, surface tension and
solubility was a bath filled either with water, or, for those
above 70°, with castor oil, provided with a motor-driven
stirrer and maintained constantly within 0.02° at each tem-
perature by means of a mercury-toluene regulator in circuit
with a hot wire vacuum switch relay.

Purification of Substances

Diacetone Alcohol.— The purest obtainable substance was
three times fractionally distilled under low pressure. The
purified liquid had boiling point, b.p. 61.7° (13 mm.),
density at 20°, dw, 0.9387. Bauer4 gives b.p. 63-64° (11
mm.).

Mesityl Oxide and Methyl Isobutyl Ketone.— The best
commercial products were fractionally distilled several times
through a Young column. The purified mesityl oxide had
b.p. 129.9° (760 mm.), dA 0.8584, rexd 1.4414, and the
methyl isobutyl ketone b.p. 116.2° (760 mm.), d240.8007
and nZD 1.3943. For the former compound Lecat5 gives
b.p. 129.4° (760 mm.), Bruhl6 dndl0.8578 and reXa 1.4440,
while for the latter Timmermans7 gives b.p. 116.9° (760
mm.), Varon8 dA) 0.801 and nwd 1.396, and Vogel9 d2%
0.7978 and re2D 1.39562.

Benzene and Water.— These were used as standard liquids
for testing the experimental methods adopted. High quality
benzene was purified further by repeated partial freezing
and removal of the liquid phase until the freezing point
reached 5.5°, after which it was dried with calcium chloride
and distilled from sodium wire: it hadb.p. 80.2° (760 mm.),
d2% 0.8788, which are almost identical with the values re-
corded by Young.10 Water was purified in accordance

(1) Prandtl and Hofmann, Ber., 33, 2982 (1900).

(2) Erdmann, ibid., 37, 4571 (1904).

(3) Richards, 3. Am. Chem. Soc., 22, 144 (1900).

(4) Bauer, Compt. rend., 154, 1093 (1912),

(5) Lecat, Ann. Soc. sci. Bruxelles, 47, 1, 25 (1927).

(6) Bruhl, Ann., 235, 7 (1886)/

(7) Timmermans, Bull. soc. chim. Belg., 25, 300 (1911).
(8) Vvaron, Compt. rend., 155, 287 (1912).

(9) Vogel, J. Chem. Soc., 171 (1940); 611 (1948).

(10) Young, Proc. Roy. Soc. Dublin, 12, 431 (1910).

with the standard procedure with special precautions to
ensure the removal of traces of grease and dissolved air.

Density

The densities of mesityl oxide and methyl isobutyl ke-
tone were determined between 20° and the' boding point,
but those of diacetone alcohol only up to 120°, because above
130° they were found to decrease with rise of temperature
at an accelerated rate, an effect attributable to the thermal
instability of that substance, which became evident also
in the measurements of its vapor pressure. A glass dila-
tometcr was employed for the density determinations, and
correction was made for the thermal expansion of the glass.

The densities determined experimentally are given in
grams per cm.3under the heading d in Table | fcr the corre-
sponding temperature 1°, C.

Tabie |

D ensities at Various Temperatures

Temperature Diacetone alcohol Mesityl oxide Me:hyl isobutyl

/°, c. d Scaled. d denied. d denied-
20.0 0.9387 0.9386 0.8584 0.8582 0.8307 0.8008
40.0 .9207 .9206 .8390 .8390 7823 .7823
60.0 9019 .9023 .8194 .8196 7342 7636
80.0 .8834 .8838 7997 . 7999 7442 7445

100.0 .8652 .8649 .7801 .7801 7249 7251

120.0 .8460 .8457 7602 .7600

The variation of density with temperature is represented
by the equations

Diacetone alcohol

d = 0.9562 - 0.0008751 - 0.00000038/2
Mesityl oxide

d = 0.8772 - 0.0009431 - 0.0000002812
Methyl isobutyl ketone

d = 0.8189 - 0.0009001 - 0.00000038!2

Densities so calculated are given in Table | under the head-
ing healed.
Refractive Index

The refractive index of each liquid for the E light, of so-
dium was determined by means of an Abbe refractometer.
The temperature of the prisms was maintained at 25.0° by
the passage of water from a flask provided with an electric
immersion heater in series with a sliding resistance. The
accuracy of the refractometer was tested by the use of speci-
mens of water and benzene of known refractive index. In
Table 11 the values of the refractive indices obtained experi-
mentally are given in the first line, and those of the Lorenz-
Lorentz molecular refractions, (re2 — )M ,\n- + 2)d de-
rived from them, the molecular weights M , and the densities
d, at 25° given by the equations of the last section are en-
tered in the second line, as R1 found by the authors. The
molecular refraction of mesityl oxide derived from the data
of Brtihl, already quoted in the third section of this paper,
and that of methyl isobutyl ketone from the data of Varon,
also that found by Vogel, are given in the third line, as R1
found by others, while the molecular refractions calculated
by using Eisenlohr’s atomic and bond refractionsll for the
keto and enol forms of the substances are given in the last
two lines of Table I1.

(11) Eisenlohr, Z. physik. Chem., 75, 585 (1910); 79, 129 (1912).
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Table Il

Refractive Indices at 25° and Molecular Refractions

for d Light

Diacetone Mesityl Methyl isobutyl
Property alcohol oxide ketone
22D 1.4219 1.4414 1.3943
R1 found by the authors 31.58 30.37 30.09
R1 found by others 30.37 30.03,30.15
R1 ealed. for keto form 31.56 29.45 29.92
RI, ealed. for enol form 32.73 30.62 31.08

These substances are of complex structure, being tauto-
meric, while mesityl oxide has two conjugated double bonds,
giving optical exaltation, and diacetone alcohol has been
shown by Badger and Bauer12to consist partly of molecules
containing internal hydrogen bonds.

Vapor Pressure

The isoteniscopc described by Smith and Menzies13 was
employed for the determination of the vapor pressures of
the liquids. The heating bath consisted of a 5-liter beaker
charged with castor oil and controlled at the required tem-
perature by means of a micro bunsen burner, the bath being
vigorously agitated by means of a motor-driven stirrer with
a slightly bent rod which set up the vibration necessary to
agitate the surface of the liquid inside the isoteniscope.
The vapor pressure of the liquid was given by the difference
in level between the mercury columns in the limbs of the
manometer connected to the isoteniscope. After satisfac-
tory checks had been obtained, the temperature of the bath
was raised by about 10°, and another set of readings taken.
In this way vapor pressure measurements were made be-
tween room temperature and the boiling point of the liquid
under investigation. To prevent prolonged heating, when
the substance was thermally unstable, the isoteniscope was
placed in the bath only when conditions had become sta-
bilized. The readings are given in Table 111 in which 1°, C.
represents the temperature and p the vapor pressure of the
liquid in mm.

A plot of log p against 1/(273.1 + t) for diacetone alcohol
showed, when t exceeded 130°, a sharp divergence from the
curve for lower temperatures, with more rapid increase of
pressure with rising temperature, thus revealing the in-
cipience of the thermal decomposition of diacetone alcohol
into mesityl oxide and water during the course of the meas-
urement, a reaction already shown by Koelichen14 to occur
at 164°

(CH32C(OH)CH2XCOCH3 = (CH3)2C=CHCOCH3+ HD

Tabte 111

Vapor Pressures at Various Temperatures

Diacetone Mesityl Methyl isobutyl
alcohol oxide ketone
t°, C. V  Pealed t°, C. p Pealed t°, C. p pealed
28.1 2.2 2.1 14.0 5.7 5.7 21.7 16.5 16.2
41.4 4.5 4.6 23.2 10.0 10.0 32.7 29.5 29.7
51.2 7.9 7.9 31.8 16.0 16.2 41.5 47.0 46.6
61.7 13.0 13.8 44.0 30.2 30.8 50.2 69.5 70.2
71.9 22.5 22.8 56.5 55.5 55.9 60.8 1125 112.1
81.7 35.7 36.1 65.8 84.5 84.3 70.0 162.0 163.1
91.1 55.5 54.7 79.6 1455 148.3 80.1 240.0 2394
102.0 86.0 86.3 945 2575 254.6 90.9 348.0 349.7
114.7 145.0 142.6 103.1 344.0 3399 116.2 760.0 764.8
129.9 760.0 760.8

The variation of vapor pressure with temperature is repre-
sented by the equations
Diacetone alcohol up to 115°
logioV = 8.5552 - 2482.93/(273.1 + t)
Mesityl oxide
logic V = 28.7503 — 6.9350 logic (273.1 -f- /) —
3144.43/(273.1 + t)
Methyl isobutyl ketone
logioV — 31.1616 — 7.7701 login (273.1 + /) —
3173.11/(273.1 + 1)
(12) Badger and Bauer, J. Chem. Phys., 5, 839 (1937).

(13) Smith and Menzies, J. Am. Chem. Soc., 32, 1412 (1910).
(14) Koelichen, Z. physik. Chem., 33, 136 (1900).

E. T. J. Fuge, S. T. Bowden and W. J. Jones

Vol. 56

Values of p calculated from these equations are listed under
Pcaied=in Table I11.

Latent Heat of Vaporization

The latent heats were calculated from the variation of
vapor pressure with temperature by means of the Clapey-
ron-Clausius equation, the latent heat, I, in calories per
gram at an absolute temperature T being given by {CRT —
BR logel0)/'ili, where M denotes the molecular weight,
R the gas constant, and B and C the constants in the vapor
pressure equation

logicV. = A + B/T + Clogio T

of the form given in the preceding section. The latent heat
thus calculated for diacetone alcohol between 30 and 110°
was 97.8 cal. per g., for mesityl oxide 105.4 at 20° and
90.0 at its boiling point, and for methyl isobutyl ketone
99.8 cal. at 20° and 84.9 at its boiling point.

Table 1V gives the result of testing both the constancy,
with variation of temperature between 20° and the boiling
point of the normal lyoparachor, [L], defined by the equa-
tion

and its additivityl5 in this expression D and d denote the
densities of the liquid and its saturated vapor, respectively,
at the temperature for which the value of | is given, while
the additive atomic and bond constants are C, —1193.6;
H, 844.8; O in ketone, 2092.1; a double bond between two
carbon atoms in a chain 1470, and a branch in a carbon
chain, —132.7. The expression holds true only for sub-
stances that are not molecularly associated, and that have
their boiling points between —100 and 200°. Since it is
not applicable to alcohols, the data for diacetone alcohol
are not included in Table IV.

Table IV

Lyoparachors and Molar Entropies of Vaporization

Mesityl Methyl isobutyl
Property oxide ketone

M 98.14 100.16
D at boiling point 0.7500 0.7092
d at boiling point 0.0030 0.0031
| at boiling point 90.0 84.9
[L] at boiling point 4810 4950
D at 20° 0.8584 0.8007
d at 20° 0.0000 0.0001
I at 20° 105.4 99.8
[L] at 20° 4750 4970
[L] calculated from constants 4720 4940
Molar entropy of vaporization,

MIb/Tb 21.9 21.8

Surface Tension

The surface tension of the freshly distilled liquids was
measured at 20° using the modification of Sugden’s maxi-
mum bubble pressure apparatus described by Bowden and
Butler.16 The apparatus was calibrated by means of ben-
zene of known surface tension, and thermostatic control of
the bath to 0.02° was obtained by a mercury-toluene regu-
lator in conjunction with a vacuum switch to operate the
electric heater. The values of the surface tensions are
given in the first line of Table V, the parachors, [P\ =
My'/t/(D — d), derived from *hem in the third line, the
value of the paraehor of mesityl oxide given by Doeuvrel7
and of that- of methyl isobutyl ketone by Vogel9in the fourth
line, while in the last line are entered the values calculated
from the following atomic and bond constants based on the
work of Sugdeni8 C, 4.8; H, 17.1; 0,20.0; double bond,
23.2; OH group correction, —5.0.

(15) Bowden and Jones, Phil. Mag., [7] 37, 485 (1946);
(1948).

(16) Bowden and Butler, J. Chem. Soc., 75 (1939).

(17) Doeuvre, Bull. soc. chim., [4} 39, 1594 (1926).

(18) Sugden, J. Chem. Soc., 125, 27, 1177 (1924). “The Paraehor
and Valency,” Routledge, London, 1930. “Thorpe’s Dictionary of
Chemistry,” Vol. 9, Longmans, London, 1949, p. 225.

39, 155
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Table V
Surface Tensions and Parachors
Methyl
Diacetone . Mesityl isobutyl
Property aleohol oxide ketone
7 at20° 31.0 28.4 23.9
(D — d) at 20° 0.9387 0.8584 0.8006
[P] 292.0 263.9 276.6
[P] found by others 261.7 276.5
[P] calod. for keto form 292.4 266.2 273.8

In view of the presence of the hydroxyl group, diacetone
alcohol might be expected to exhibit association in the liquid
state but, in this connection, Badger and Bauer12 have
found that, while the substance may consist extensively of
molecules containing internal hydrogen bonds, there is no
evidence of hydrogen bonding between the separate mole-
cules. From the present work it is evident that, there is a
close correspondence between the observed paraehor and the
theoretical value calculated from the atomic and bond con-
stants, but it is not possible to decide unambiguously
whether this agreement arises from the balancing of a finite
negative anomaly by a positive contribution due to intra-
molecular hydrogen bonding or from the circumstance that
each of these factors is negligible. The value of the surface
tension of mesityl oxide is found to be slightly higher than
that obtained by Doeuvre,I7 and since the corresponding
paraehor is closer to the theoretical value, it may be con-
cluded that the system of conjugate double linkages in mesi-
tyl oxide does not materially affect the paraehor. The
paraehor of methyl isobutyl ketone has been determined
by Vogel,9and on the basis of his most recent values for the
group constants is computed to be 276.0, which is close to
the value obtained in the present work.

Solubility of Salts and Composition of Solid
Phases

A survey was made of the solubility of the halides
of the alkali and alkaline earth metals in these
organic liquids, and the compositions of the addition
compounds formed by certain of these salts with
the solvents were ascertained.

Drying of Salts.— Several of the salts were extremely hy-
groscopic, and precautions for the rigorous exclusion of ex-
traneous moisture were taken in the desiccation of the salts
and in the solubility determinations. The salts were of high
analytical quality, and were dried by heating and shaking the
powdered material at 120-130° (15 mm.) for 4-8 hours in a
round bottomed flask (provided with a 3-way stopcock)
until analysis showed that the removal of water was com-
plete. When the original substance was a hydrate with a
transition temperature below 130°, the material was main-
tained at a temperature about 5° below the transition point
for 4 hours before the normal drying procedure was applied.
This method served to prevent caking of the solid during the
dehydration process.

Solubility Determinations.— Each system was examined
in duplicate so that the equilibrium between salt and solu-
tion could be established by approaching the bath tempera-
ture from above and below the temperature at which the
solubility was to be determined. The salt/liquid systems
were mechanically agitated in 150-ml. glass-stoppered bottles
(protected by plastic caps) in an electrically heated thermo-
stat whose temperature was controlled by a bimetallic ther-
moregulator. It was found in most cases that equilibration
between the solid and liquid phase was established after
agitating the system for 2 hours and allowing it to stand in
the thermostat for 3 hours to allow for complete settling of
the solid phase. Samples of the clear solution were drawn
into a glass tube fitted with a small filter cap, the whole
being preheated to the bath temperature before insertion
into the solution. With several systems the filtration was
very slow owing to the high viscosity of the solution. A
portion of the filtered solution was weighed and analysed
for halide by Volhard’'s method.

Samples of the solid phase in contact with the solution at
the temperature of the experiment were also removed,
quickly dried between filter papers, and analyzed in the
same way.

Physical Properties of Diacetone Alcohol and M esityl Oxide
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Results.—In Table VI and in the following equa-
tions the solubility, s, represents the weight of an-
hydrous salt dissolved at t°, in one gram of solvent
in the presence of the solid phase indicated. The
solubility at these temperatures calculated from
the following equations are listed under the head-
11)g Scaled*

In diacetone alcohol
For lithium chloride,

s = 0.06683 - 0.0003951 + 0.0000163612
For lithium bromide,

s = 0.11286 - 0.0012391 + 0.0000613012
For calcium bromide,

s = 0.03703 - 0.0011881 + 0.0000412812
For strontium bromide,

<« = 0.05507 - 0.0009911 + 0.0000730512

In mesityl oxide
For lithium bromide,

s = 0.31950 + 0.0005601 +
For strontium iodide,

s = 0.43324 -

0.0000234712

0.0061391 + 0.0001315012

In methyl isobutjd ketone
For calcium bromide,

s = 0.13002 -
For strontium iodide,

s = 0.54750 + 0.0005051 +

0.0007171 + 0.0000463912

0.00000912/2

Table VI

Solubilities and Solid Phases

t, °C. S Sealed t, “C, s

Lithium chloride in

diacetone alcohol:
solid phase

Sealed
Lithium bromide in

diacetone aleohol:
solid phase

LiCl, LiBr
(CH32C(OH)CH»COCHj 2(CH32C(OH)CH2COCH3
20.0 0.0655 0.0655 20.0 0.1126 0.1126
35.0 .0732 .0730 35.0 .1452 1446
50.0 .0879 .0879 50.0 .2039 .2042
65.0 .1103 .1103 65.0 .2916 .2914

Calcium bromide in
diacetone alcohol:
solid phase

Strontium bromide in
diacetone aleohol:
solid phase

CaBr2, SrBr>,
4(CH32C(OH)CH2COCH3 4(CH32C(OH)CH2COCH3
20.0 0.0290 0.0298 20.0 0.0647 0.0645
35.0 .0484 .0460 35.0 .1092 .1098
50.0 .0784 .0808 50.0 .1888 .1881
65.0 .1350 1342 65.0 .2990 .2992
Lithium bromide in Strontium iodide in

mesityl oxide:
solid phase

mesityl oxide:
solid phase

LiBr, Sri2
(CH3,C=CHCOCH3 4(Cl1i392C=CHCOCH3
20.0 0.3401 0.3401 20.0 0.3618 0.3631
35.0 3677 .3684 35.0 .3832 3795
50.0 4003 4062 50.0 4514 4550
65.0 4550 4551 65.0 5910 5898

Calcium bromide in
methyl isobutyl ketone:
solid phase CaBr2,
2(CH32XCHCH,COCH:

Strontium .odide in
methyl isobur.vl ketone :
solid phase Srl2
2(CH3,CHCH2COCH3

20.0 0.1334 0.1342 20.0 0.5610 0.5612
35.0 .1642 1617 35.0 5771 5763
50.0 .2077 .2101 50.0 .5948 .5955
65.0 .2802 2794 65.0 6191 .6189

Sodium chloride, potassium chloride and stron-
tium chloride are sparingly soluble, while barium
chloride is practically insoluble in diacetone alcohol
over the temperature range examined. lodides
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catalyze the decomposition of diacetone alcohol
into mesityl oxide and water. In mesityl oxide
calcium bromide is very sparingly soluble (s being
of the order of 0.0001 at 65°) but the salt swells,
with liberation of heat and formation of needle-
shaped crystals of the addition compound, CaBr2
3(CH3Z=CHCOCH3 Strontium bromide be-

BINARY FREEZING-POINT

A N D

Robert R. Mod and Evald L. Skau

DIAGRAMS

Vol. 56.

haves similarly and forms the compound SrBr2
2(CH32C=CHCOCH3 The bromides of sodium,
potassium and barium are practically insoluble in
mesityl oxide. The chlorides of lithium, sodium
and potassium are very sparingly soluble in methyl
isobutyl ketone, while those of calcium and barium,
are practically insoluble.

FOR ACETAMIDE WITH OLEIC

ELAIDIC ACIDS

By Robert R. M od and Evald L. Skau

Southern Regional Research Laboratory,1New Orleans, Louisiana
Receded March 24, 1952

Complete binary freezing-point data have been obtained for the stable and unstable forms of acetamide with elaidic acid
and with the stable and unstable forms of oleic acid. The freezing-point diagrams show conclusively that acetamide forms

a molecular compound with both elaidic (trans) and oleic (cis) acid.

melting points, the one stable and the other metastable.

Each of these compounds exhibits two incongruent

It. can also be concluded from the diagrams that the oleic acid

compound tends to dissociate to a lesser degree than the elaidic acid compound.

It has recently been demonstrated by means of
binary freezing-point determinations that aceta-
mide forms molecular compounds with various
long-chain saturated fatty acids.2 The present
report shows that acetamide forms similar com-

®) 20 40 60 80

MOLE PERCENT. ACETAMIDE.
Fig. 1.— Binary freezing-point diagrams for acetamide
with: A, oleic acid; B, elaidic acid. Dotted curves repre-
sent metastable equilibria.

100

(1) One of the laboratories of the Bureau of Agricultural and Indus-
trial Chemistry, Agricultural Research Administration, U. S. Depart-
ment of Agriculture. Article not copyrighted.

(2) F. C. Magne and E. L. Skau, J. Am. Chem. Soc., 74, 2628 (1952).

pounds with oleic and elaidic acids, i.e., with both:
the cis and the trans forms of A90octadecenoic
acid.
Experimental

Binary freezing-point data were obtained for acetamide
with oleic and with elaidic acid. The oleic acid was purified
by vacuum fractional distillation of its methyl ester followed,
by fractional low-temperature crystallization of the acid
from acetone, f.p. of stable form 16.3°, f.p. of unstable form
13.5°. The elaidic acid was obtained by elaidinization of
oleic acid followed by fractional crystallization from acetone,
f.p. 43.8°. The acetamide was the best grade of Eastman
Kodak product.3 All sample material was dried in vacuum
over phosphorus pentoxide. The freezing points were de-
termined by the sealed tube (static) method previously de-
scribed,2 which gives the true equilibrium temperature be-
tween the crystals and the liquid mixture of the given com-
position, with an accuracy of +0.2° after correction for
thermometer calibration and emergent stem.

Results and Discussion

The data obtained are given in Table | and are
plotted in Fig. 1. As can be seen from the diagram
it was possible to obtain the freezing-point curves
for both the stable (solid curves) and the unstable
(dotted curves) forms of acetamide and also of oleic
acid. It is apparent that both oleic and elaidic
acids form a crystalline molecular compound with
acetamide and that each of these molecular com-
pounds exhibits two incongruent melting points,,
the one stable and the other metastable.

For the acetamide side of the diagram the stable-
or unstable forms could be obtained at will by
proper manipulation of the temperature. The higher
freezing point was always obtained on the initial
melting of the samples, as would be expected since
they contained the stable modification. After the-
samples had been heated some degrees above this
temperature, however, the freezing points invari-
ably fell on the lower (dotted) curves and in order to-
obtain the higher freezing point again it was nec-
essary to shock-chill the molten sample to —78° in
in a Dry Ice-alcohol mixture. Subsequent heat-
ing of the solid resulted in momentary local melting;

®3) The mention of names of firms or trade products does not imply

that they are endorsed or recommended by the Department of Agrir
culture over other firms or similar products not mentioned.
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near the surface followed by rapid transformation

to the higher melting form.

Mole %

Tabte |

Binary Freezing-point D ata"
Acetamide--oleic acid system

Freezing point, °C

Acetamide-elaidic acid system

Freezing point, °C

Meta- Mole % eta-
-acetamide Stable stable acetamide Stable stable
0.00 16.3 13.5 0 00 43.8
4.42 15,9 10.31 42.5
9.37 12.2 19.47 41.5
12.60 15.1 29.87 40.2
(15.0)6 (14.S)6 (34.2)6 (39.6)&
17.20 16.3 11.4 36.01 39.9
21.54 18.4 10.7 8 8 (40.0)c
21.75 18.3 40.08 45.1 40.3
24.65 19.1 44,96 51.6 40.7
30.55 20.5 46.08 53.6 40.8
(30.8)c (20.6)c (47.2)" (40.9)'
34.14 31.6 20.7 50.59 59.9 47.1
36.73 37.7 21.3 60.26 69.7 58.4
<39.2)" (21.6 70.21 75.1 64.6
39.34 42.3 Q 8 79.75 78.1 67.0
44.40 35.6)" 90.06 79.4 69.0
48.54 56.0 43.0 100.00 79.7 69.5
70.61 75.2 64.3
82.17 78.0 67.8
100.00 79.7 69.5

The values in parentheses were obtained by graphical
extrapolation. ‘ Eutectic. - Incongruent melting point
(stable). dIncongruent melting point (metastable).
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In contrast, the unstable (low-melting) form of
oleic acid tended to transform to the stable form
much more readily. On cooling the mixtures rich
in oleic acid to about 8 to 10° the samples suddenly
became essentially solid; and, on heating in the
constant temperature bath, melted so that rela-
tively few crystals remained at the temperatures
indicated by the dotted line. At this stage, or
sometimes before, the sample again became essen-
tially solid because of the formation of the higher-
melting crystalline modification of oleic acid, or of
the molecular compound when the acetamide con-
centration was between 15 and 22 mole %. The
sample then showed a melting point corresponding
to the upper solid curve. Because of this behavior
the freezing points involving the unstable modifi-
cation of oleic acid could not be obtained with the
same assured accuracy.

The acetamide branches of the diagrams for these
two cis~trans isomeric acids almost coincide. It
will be noted, however, that the freezing points for
the elaidic acid system tend to fall above the
curves as drawn and those for the oleic acid fall be-
low. This is in harmony with the idea that the
molecular compound between acetamide and oleic
acid is less dissociated than that between acetamide
and elaidic acid, which is indicated by the fact that
the freezing-point curve for the oleic acid compound
is steeper.

POTENTIAL

By Mitsuru X agasawaland Y onosuke Kobataxe

Tokyo Institute of Technology, Okayama, Meguro, Tokyo, Japan

Received March 27, 1952

The membrane potentials of organic membranes and glass membranes were discussed on the basis of Eyring’s theory of rate

processes.
equal velocity through the pore of the membrane.
Boltzmann equation.

It was assumed that these membranes have the rigid mosaic structure and the two ions should permeate with
The ionic concentration in the membrane was computed by the Poisson-
The experimental data of some investigators and of the present authors were found tc be in good

agreement with the theory. Asymmetric potential of the glass electrode was explained by assuming it to be caused by the
difference of the diffusion of ions of one side of the membrane from that of the other side at the stationary state.

1. Introduction

Various membranes, i.e., collodion, cellophane,
parchment paper, glass membrane, etc., have
rigid structure due to the strong interaction be-
tween their segments, therefore the permeation of
electrolyte across the membrane should be con-
sidered to be carried out by the diffusion in the pore
of the membrane as in the case of gas permeation.2
The well-known theories of Meyer and Sievers,3
and Teorell4on the membrane potential have been
widely criticized on account of their negligence of
this rigid structure.66 Moreover, these theories
have much to be examined in many other respects,

(1) Department of Applied Chemistry, Faculty of Engineering,
Nagoya University, Chigusaku, Nagoya. Japan.

(2) P. Doty, J. Chem. Phys., 14, 244 (1946).

(3) K. H. Meyer and J. F. Sievers. Helv. Chim. Acta, 19, 649, 665,
987 (1936); H. Mark and K. H. Meyer, Hochpolymer Chemie Bd. 2,
(1940).

(4) T. Teorell, Proc. Soc. Exp. Biot., 33, 282 (1935)

(5) E. S. Fetcher, This Journai, 46, 570 (1942).
<«©) K. Sollner, ibid., 49, 47, 171, 265 (1945).

namely, first, according to the classical electro-
statistics7 the occurrence of reversible electrode
potentials in general should not be accompanied
by any electric current, passing through the bound-
ary layer, and therefore the total number of anions
and cations permeating across the membrane should
be equal. This is not, however, to be expected
from their theories. Second, Meyer and Sievers’
selectivity constant should vary from one salt to
another because of the mosaic structure of the
membrane. The mechanical restraint on the ions
by the pores of the membrane should not affect
the mobilities of ions in the membrane, but should
determine the number of ions in the membrane.
The mobilities of ions may chiefly be determined
by the viscosity of solvent and secondarily affected
by the ionic atmosphere. The viscosity of water
in the pore of a membrane is equal to that of the
external solution, and it is also well known that the

(7) S. Glasstone, K. J. Laidler and H. Eyring, “ The Theory of Rate
Process,” John Wiley and Sons, Inc., New York, N. Y., 1941,
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mobilities of ions may be unaffected by the charged
wall if the concentration of electrolyte is con-
siderably high. Therefore, it seems reasonable to
assume that the mobilities of ions in the pore are
equal to those in the external solution as the first
approximation.

In the case of the glass membrane this membrane
potential has not fully been explained even on the
qualitative aspect, and moreover most of previous
hypotheses cannot be said to be fully confirmed
experimentally. Accordingly, there are many
arguments as to the mechanism of the glass electrode.
Now, as the electric conduction of the glass is
carried out by ion and not by electron and the
glass should be considered to have most compact
mosaic structure, it seems reasonable to assume that
the glass electrode is one of the most compact
membrane electrodes, its potential difference is a
diffusion potential, and only the hydrogen ion can
enter into pores of the glass and hence the mem-
brane potential for the glass membrane is reversi-
ble only against H + because of the smallest dimen-
sion of H + of all ions.

It is the purpose of this report to consistently
discuss various membrane potentials from the scope
of diffusion potential, assuming that the mem-
branes are of the porous mosaic structure and the
rate-determining step of the ionic permeation across
the membrane is the diffusion in the membrane.

2.  The Fundamental Equation of Membrane
Potential

The number of permeating ions in unit time is
equal to the number of ions in the membrane multi-
plied by the frequency of crossing the membrane
and hence given by7

rate of permeation = AArC=t ; — (1)

KNCA™ =
0 06

where c * is the average ionic concentration, v the
mean velocity of ions diffusing, | the mean mobility
of ions, in the membrane, 5 the effective length of
pores in the membrane, k the Boltzmann constant,
N the Avogadro number and T is the absolute
temperature. In general, the rate of permeation is
proportional to the number of ions. However,
in the case of a charged membrane there is no such
proportionality, due to the interaction between
the membrane and ions, and therefore the permea-
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tion constant becomes a function of the ionic con-
centration. Assuming the rate of permeation to be
the quasi first-order, it may be written in terms of
the permeation coefficient

rate of permeation = KPNC (2)
Equating (1) and (2) gives
C*IkT
cor ®

Suppose an electric field is now applied, so that
there is a potential gradient which facilitates the
movement of the ion from left to right (Fig. 1),
then the free energy changes are now indicated by
the dotted curve. The free energy in the initial
state may be regarded as being increased by an
amount aw, where w is the work done in moving
the ion from one side of membrane to the other and
a is the fraction operative between the initial and
activated states. Similarly, the free energy of
initial state is diminished by (1 — a)w, as shown in
Fig. 1. The number of ions crossing the mem-
brane in the unit time in the forward direction,
i.e., in the direction of the applied field, is given by

rate in forward direction =

Similarly

KNSCPekT (4)

rate in backward direction =

/ dcy (I-aM
AA'SI C+ 5-pjPe kT

(5)
Combination of eqg. (4) and (5) then gives for the
net rate of movement from left to right

1kT rs
net rate = KASC—(\(;r [ -
oe
VKJr , ,dC\C* I kT -a-«)jE
KNt{C+ *0i)~C~sT* kT  f6)
Since KT » iv as a general rule
I kT , arc
net rate = KAGOC-yr- - — Kl +
C 0 ¢ K1/
- (1 - a)vTh

N6
kT J -

113 ,ed f é _ KAS%—&—————t—TéX (7)

If the potential gradient of the electrical field is
$and the charge of the ion ze, wis given by

w =
Inserting this relation in eq. (7), we obtain

— I-TP~rtr
- n - —
net rate KNSzC"NU, KNSe n VC \alxl (8)

Since at the stationary state the two ions must
permeate with the same rate, we obtain

KNH+2..8

RT C?dC+\
z+F C+ dz)
RTC*AC-\

Km-zZ\ G-* TIECI1-AT) (9

where it is assumed that the field is applied to
facilitate the movement of the negative ion. In
the simplest case, i.e., for auni-univalent electrolyte

dC+ _ dC_ dC
dx dx dx
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and hence
( ** RTC?dC\
KNLS
C+4,~~~C .dx)
KNU S RT CJ dC\
F C dx)

Then the membrane potential E is given by

_ 0 — A c'+ Ccvr - - c¢cJ |
. JfCtA)dz_rJC!i+ci+i+cMch
(10)

As it is permissible to assume that pshould not
exert influence on the ionic equilibrium distribu-
tion, the ionic concentration in the membrane can
be calculated for a uni-univalent electrolyte under
the following assumption.

Assumption. (1).—Membranes are porous and
rigid, and pores are cylindrical. The distribution of
pore diameter of the membrane is expressed by
j(r). (2) The charge distribution on the pore
surface of the membrane is uniform and its charge
density per unit area is given by —NtAQ. There-
fore, AQis the concentration of fixed negative ions
per unit area of the pore surface. (3) The concen-
tration of electrolytes is dilute and the Debye-
Hiickel approximation is applicable.

The ionic concentration at a certain point in a
pore with a radius r is given by the Boltzmann dis-
tribution, i.e.

&/ of,

Ce~kT CM = cekT (1)
Now, ip can be divided into two portions, i.e.,
Xa + ifo where the potential 0 due to the fixed
charges on the pore surface must be independent
on the coordinate in the pore and the ionic concen-
tration and ¥e arising from the movable ions is
consequently dependent on them. Expanding
e+,+c/KT ancj retaining only the first two terms

CJ =

gjipo+ iR) eo
c?2=ce K = ce > - »
AHA'pc) ito

CM = Ce KT = CekTil + g ) (12)
The relation between i and the charge density q

is given by the Poisson equation, which is

- a
w = D1_~D(C|f-cM)
Therefore .
ri ev dX
+ A) = ~c\l \e — edr/ —
eirdX
s &1 BN o)
This expression is simplified by setting
€lpo 6&
‘I‘TTFG e KT _ &KT) —ki2
) (o «to\
dvep{ T 4 AT) = KI (14)
eq. (13) becomes
VVc = -Kp + Kjty.
This equation can be integrated to give
= AJQIK,_P) + BYQiK2P) + Kr (15)

where J0O, FOis Oth order Bessel and Neuman func-
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ntn a. ,
Y(m/iM,JiJ, luUa "
m>m»ninuilUlWwm T
N

Anm sm innm
fiS U S S
Fig. 2.

tion and i = y/—1 Of the two constants of
integration B must be equal to zero, since as p
decreases the value of p approaches to a constant
value and the term FQ(iK2) increases infinitively.
On the other hand, the constant A will be evaluated
as follows; the charge on the pore surfaces may
approximately be equal and opposite to the net
charge located in the pore, i.e.

ct* - Jag.agd = 2x/€-4o0
(16)
Therefore
A = drAc 1Y..X 07
= D KJr ik )
Substituting this value of A in Eq. (15), we obtain
4w toe  iKZA' o, .. . Kp
~ D + K»2 (18)
Insertion of eq. (18) in eq. (12) gives
CM = Ce-kly ‘Br lzal‘lti(}i(Kr’r)Jo(iKop) ¢ KPNA
(19)
ao .
= CekT Air Aoe Kok kg + PP
M= [ + ki{D K-Ar./(,iKir‘I)lKZ

Then the mean ionic concentration in the mem-
brane is given by

1" \\cz2irp/dp)f(r)dr
Jr jo
C* = i

J" ind(r)dr

(20)

where R is the least radius of pores through which
the ions may permeate. If f(r) is normalized to be

r X(r)dr = 1
Jr

in order to simplify the later discussion, it follows
fromeq. (19), (20) and (14) that

C X ekTi{r)dr +

€iro/ IN°\2 n
1  ekT) f(r)drj
Jr
2t/ 20\
KT KT )ri(rydr | (21)
+ [2tAd r
g* may aig0 given by asimilarequation. Alter-

natively, it will be easily shown from eq. (16) that

CM = CA + 2uwldj “rf(r)dr (22)
Jr
Therefore C+, C4 may be expressed as
C+~ = h\C - k2 + A8
= kiC -h k2 (23)
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o eooar 2N
KTi(r)dr AX - eKT) f(r)dr]
et 2\
A = [2-40 ®KTN. - &' 1 Af(r)dr} 24
A = "2uAA r:'(r)drj

It is expected from the qualitative consideration
that C+ and C~ reduces to k3and zero, respectively,

as Koincreases, and that both C+ and CU become C
when Ydecreases to zero. This can be obviously
shown from eq. (23). But in spite of such an
anticipation that the concentration of the neutral
salt in the membrane must become zero (fc2 = 0)
as C goes to zero, this cannot be expected from Eg.
(23). The discrepancy will be attributed to the
failure of the approximation of eq. (16) in such a
limiting case. Although such assumption may be
impermissible that the above neutral condition is
satisfied even when C goes to zero, the validity of
this theory is never spoiled by the discrepancy in
the limiting case, since C remains at a finite magni-
tude in practical cases. Moreover, appropriateness
of these approximations is proved experimentally
by the fact that A2can be ignored in actual cases.

The theoretical equation of the membrane
potential can now be obtained from equations (10)
and (23) as

= RT CC'k(I+ - I)C + A(A —1)4A/) 1
FJe, HU AINCAAA +L)AUUC
(KAt+ A A)C, + HU + L) A UU\ (

RT
1

M AUCIAAAAU AKY \

Upon introducing

_ h(~ —A)AI<3+and o = KXU A A) A A4

fe(A A A) A AA AA A A)

eq. (25) reduces to

RTF
E= Fe"\¢j- " \a a0

(26)

G+ ALA /i h\GhA Q)]
This equation can be shown to be reduced to the
Nernst equation of the diffusion potential in the
extremely concentrated solution or in the neutral
membrane, i.e.

-f(t-h tM 1)
In the dilute solution or in much compact mem-
brane Bis negligibly small and eq. (26) reduces to
RT,
m,-(8)
which is the equation adaptable to the ideal perm-
selective membrane and the glass electrode.

Equation (26) will be discussed for the next
three special cases.

3.

E =

For the Porous Membrane, i.e., Cellophane,
Parchment Paper, Porous Collodion, etc.

In this simple case, it may be assumed that
&0 sfo

io= 0,e KT PKT 1 and hence k2is negligible
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compared with Ag and k3 Upon making this
approximation eq. (26) reduces

. RTF, ICA SC,+ O\ ,
E= f-LM\cj - InUmJ
(U -U\ fo1 4
(a aa) '|_|+1)] @7
where
rf(r)d)’
0= I+¢AA’ AAAN !
r£(r)d)’
3

Equation (27) can also be easily derived under the
assumption that the concentration of the electrolyte
in the membrane is determined by the Donnan
equilibrium, as has been done by Meyer and
Sievers.3 While the third term corresponding to
the Henderson's diffusion potential is the same as
that of Meyer and Sievers, the first and second
terms differ from their values.

According to S. Oka8 the relation between the
apparent transport number of anion calculated by
the Nernst diffusion potential theory and the ionic
concentration is given by the formula

AA ,b

m A +C
where n\ is the apparent transport number of
anion, C the concentration of the electrolyte and b
is a constant characteristic of the membrane, the
electrolvte and of the ratio of the concentration..

1) n KXU ~ U) T AA
uDU A U) 4 kU " \gj) - A+ + U) A kU
U\. /k(U AUCi AA(I-At) AM
AU} VA AAC, AAA AA) AAAY]

This relation can also be derived from equating the
Nernst equation and eq. (27). That is

(28)

r iXuU

(25)

In

(& 7i)I< — »r'"() @
When 8 AC C, it is permissible to drop all terms

beyond the first term of 1/C in expanding the
“In” terms, and then eq. (29) becomes

Uaa A AA

A f 1 _1a/
m I- A milcy ve,” C]
Introducing y = CI/C2 we obtain
AA AAA:- U1
=1
m A~ A mTPpc, &9

Equation (30) is identical in form with eq. (28)
derived by S. Oka,8which is found to be in good
agi-eement with the experimental values. Then
the value of 8 ineq. (27) is obtained from the slope
of the Y n\—=1/Ci curve. However, if 8is of the
same order of magnitude as C, the approximation
to the form of eq. (30) becomes not admissible, and
therefore, since

A A

7

L

™ AAA AAA 7 G A
X A 7 -1 . .
2AAA In, 0gg- < S

(8) S. Oka, J.Ind. Che-m. Japan, 36, 236, 336 (1933).
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js is more reasonably obtained from the tangent of
the ria.-1/ci curve on the origin.  Insertion of these
values in eq. (27) gives the equation of the mem-
brane potential for a porous membrane.

Experimental Verification.— Most of the works by the
previous investigators have been performed for pursuing
the electrical properties of the membrane, and therefore
only the so-called characteristic membrane potentials for
the 0.1 ~ 0.01 -V potassium chloride solution have been
given. Accordingly these data are not taken into account
by the present discussion. The data available for the
present purpose are those of the measurement of the po-
tential for the solutions of the electrolyte of the symmetrical
valence type in which the concentration of one of the solu-
tion is progressively increased, the ratio of the activities
of the two solutions being kept constant. Most of these
data will be taken into account for the comparison with the
theory.

In the following calculation the thermodynamic
concentration/C, inwhich/is the activity coefficient,
is always used in place of the analytical concentra-
tion C.

It is shown in Tables Il that the calculated
values by eq. (27) fairly fit the experimental values.
Particularly, it is seen in Table Il and 111 that the
experimental values obtained for Cl/C2 = 10
are in satisfactory agreement with the calculated
values, using the values of (3 obtained from the
experiments in which Ci/C2 = 2, and the membrane
potential approaches to its maximum value, that is,
the membrane potential of the ideal permselective
membrane, with increasing the value of 3

Table |

Calcd. using the data by Oka5 memb., parchment paper;
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4, For Permselective Organic Membranes, i.e.,
Dried Collodion, etc.

In this case, the approximation t/, = 0 cannot be

assumed and k2 is not negligible. Accordingly,
eg. (26) reduces to
(b - I-
*_7L_(§H Wt +1- - C) + mee]
(32)

when (7/(3< 1

Experimental Verification.— The plots of the potential
difference for the permselective membrane obtained by
some investigators against the concentration of electrolyte
are found to give a straight line, as can be expected from
eq. (32) (Figs. 3, 4). But toward higher concentrations
the deviation makes its appearance. Insertion of a and 0,
obtained from these figures, into eq. (26) gives the complete
equation for the permselective membrane. The comparison
of the calculated value with that of the observed is given
in Tables IV and V.

Here, values of the potential differences are all
used as —mv. Other data by Sollner and Gregor
(Memb. Hum58-Shr58, Humb58) are also found to
be in good agreement with the calculated values.

5. For the Glass Electrode

In this case, it is supposed that 0 has the very
large negative value, and hence k2 == 0 and fti is
Aery small. Therefore, (3 becomes much larger
and eq. (26) reduces to

In(l) %)

and then a becomes nearly equal to unit}’. The
glass membrane is so compact as to permit the

e =

electrolyte, KC1; temp., 25.0°; ratio of concentration, permeation 0n|y of hydrogen ion across the mem-
2:1; 0 = 0.0089 (calculated from the experiments in which brane That is Why the glass electrode affords the
Ci/C2 = 2). : . . . .

o 1)0 ) 10 m[ﬁ most effective means in measuring pH. Equation
_o Ml AR (33) is usually called the equation of the glass elec-

cic2 (N.) —45 iN o -8 1H_!§\‘ trode.
) 0464 0426 0375 O 2'60 0139 0113  0.061 As the concentration becomes larger, E deviates
"Ecale mv. 14 20 40 7.7 9.8 115 1.7 further from eq. (33). This deviation, AE, is
fobsd. mv. 117 239 439 801 1160 1330 1415 usually called the error of the glass electrode in

Table Il

Calcd. using the data by Oka8: electrolyte, KC1;

temp., 25.0°;

ratio of concn., 10:1; 0 was calculated from the re-

sults of his experiments in which clic2= 2; here, ElIt E®and E3denote the first, second and third term of eq. (27),
respectively.

Hard filter Congo red Collodion Collodion Hemoglobin Chrom- Parchment
Memb. Cellophane paper parchment 2 4 Collodion gelatin paper
0 0.0093 0.0034 0.0183 0.0035 0.0099 0.0075 0.00069 0.0089
‘Er 55.1 55.1 55.1 55.1 55.1 55.1 55.1 55.1
E calcd. E, 398 49.0 24.5 47.9 39.3 41.9 50.1 40.3
mv., e3 0.4 0.5 0.3 0.4 0.4 0.4 0.5 0.4
E 14.9 5.6 30.3 6.7 15.4 12.6 4.5 14.4
Eobail. (mv.) 15.94 2 73 27.63 4.33 18.54 12.63 2.43 13 37
Tabte 111 the acidic and alkaline solution. When the con-
Calcd. using the data by Okag elect, KOH: temp., Céntration <2remains constant, AE is given by
25.0°; ratio of concn., 10:1; 0 are calculz:illted2 from the re-
sults of his experiments in which C¥CZ= 2. "
Parchment Chrom- E- ~&a e) > (f + 9 (3]
Memb. paper Cellophane gelatin o )
In the acidic solution eq. (34) becomes
P 0.019 0.016 0.046
EAic,, mv. 8.6 7.0 25.0 T eca_b —-\N-iae -1
Eob>, mv. 4.62 4.62 25.20 log leRr{'a I* - 1j = log0-1- pH (35)
. In the alkaline solution eq. (34) becomes
EQwsd in Table 141 are the mean values of the a. (34)

membrane potentials reported by Oka, their
reproducibilities are found in the range of the po-
tential below 0.1 mv.

VT |,

-V ai? 1
Y —1 = 1og (0 IKw + pH
36
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Table IV
Calcd. using the data by Sollner and Gregor9: memb., protamine collodion rnenib. (Hum 20-Shr 20); ratio of
concn.2:l; temp., 25.0°; a and O are obtained from Fig. 3.
0.002 0.004 0.01 0.02 0.04 01 0.2 0.4
Electrolyte a 0 Cl/CcL 0.001 0.002 0.005 0.01 0.02 0.05 0.1 0.2
KC1 0.937 0.927 Scaled 16.4 16.2 16.0 15.7 15.2 14.4 13.7 12.4
-Edbed 16.4 16.5 16.2 16.2 15.9 15.2 14.5 13.2
Kl 0.927 0.280 E calcd 16.2 16.0 15.3 14.8 13.8 11.4 9.0
-Eadosd 16.2 16.2 16.1 16.0 14.9 12.4 10.2
LiCl 0.944 4.60 aEcalod 16.5 16.3 16.1 15.9 15.7 15.6 15.6 15.3
E cped 16.6 16.5 16.6 16.4 16.4 16.1 16.2 16.1
Table V mined in general. However, only in the alkaline

Calcd. using the data by Masakile memb., collodion;
ratio of concn., 10:1; temp., 25.0°; a and O are obtained
from Fig. 4. The reproducibility of these experiments are
found to be in the range of the potential below 0.3 mv.

Elec 005 01 05 15
trolyte a 0 cvc2 (v) 0005 001 005 0.15
KCl  0.919 0 984 Beale (rev.) 53.9 52.8 46.7 39.6
Robs- (mv.) 53.82 52.31 47.61 39.53
KBr  0.920 1 018 Ecalc- (mv.) 53.4 49.4 43.7 36.6
Bobs, (mv.) 52.68 52.53 46.93 38.18
Kl 0.903 1.100 Ecalc. (mv.) 49.3 48.0 45.6 37.3
Bobs, (mv.) 52.43 5221 47.16 39.56
KNO, 0.947 0.148 Beale (mv.) 46.9 43.0 288 18.1
EobB. (mv.) 50.07 4587 29.82 15.05

where Kw is the dissociation constant of the water.
Strictly speaking a is the function of the charge of
the membrane (he., Y and of the ionic mobility
in the membrane (I+, L). Therefore a cannot be
constant and is by no means theoretically deter-

Fig. 3.— The relation between E-fiCi (using the data by
Sollner and Gregor,9 Hum20-Shr20): protamine collodion
memb., Ci/C-i = 2: A, LiCl; B, KC1; O, KI.

50

30 1 50 1
20 40
10 30

Fig. 4.— The relation between E f,C\ (using the data of
Masakil); memb. collodion, cly/c2= 10

(9) K. Sollner and H. P. Gregor, This Journal, 54, 330 (1930).
(10) K. Masaki, Mitt. med. Akad. Kioto (Japan), 5, 35 (1931).

solution, where the glass electrode is usually used
only in the range of lower concentration, a can be
assumed to be nearly constant. Even in the acidic
solution it may remain equal to unity for the ideal
glass membrane. Then we obtain

/ JLb + 1at \
log \eRT 2~ — 1/ = log j3 I — pH (37)
JLb + AE
Therefore the plot of log PRT 2% -0 or

- \ 1
log fofrh® L1y Ne ij against pH should
give a straight line of the slope —1 or -
acidic and alkaline solution, respectively.

Experimental Verification.— It is desirable to measure the
deviation of the membrane potential from the potential of
the hydrogen electrode. The essential parts of the appara-
tus are shown in Fig. 5. The vessel A contains the solution
into which are inserted the glass electrode G (Haber type)
and the hydrogen electrode H. The pH of this solution
may be changed by the addition of acid or alkali from the
buret B. A stream of hydrogen gas, which is purified by
Pt-asbest., bubbles through the solution from the tube H2
A junction between the solution in A and the calomel elec-
trode is made by a satd. KC1 bridge. All cells are placed
in a thermostat kept at 25°.

The apparatus for measuring the potentials is of a Du-
Bridge type. Glass membranes used in this investigation
are those of hard glass and Maclnnes glass.

The deviation of the potential of the glass elec-
trode from the potential of the hydrogen electrode
is estimated by determining the potential between
G and H. Such measurements yield potentials of
the cell

PtH2 |sol. 1jglassl|sol. 2 |satd. KC1 HgCI Hg (A)
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in which sol. 1 is the liquid in vessel A and sol. 2
in the glass electrode. The pH values are found
from the potential difference between E and H.
The measurement gives the potential of the cell

Hg HgCl satd. KC11 sol. 1 [HsPt (B)

Cell (A) has at all pH of solution 1 the same po-
tentials as long as the glass electrode acts as a
perfect hydrogen electrode. This value depends
only on the concentration of sol. 2 inside the glass
electrode, the state of the inside surface of the
glass membrane and on the pressure of the hy-
drogen gas. In real cases, as will be shown by the
experiments described below, the potential varies
slowly with pH (Figs. 6, 7). It is obvious from eq.
(33) that this property is due to the essential
feature of the glass electrode.

pH.
Fig. 6.— Variation of a in the acidic solution; memb., hard
glass (memb. 11); O, electrolyte of sol. 2 is the same as that
of sol. 1; X, sol. 2 is a buffer.

263 340
_O -0 -

260
Q 335
X
e

255

<
330 X
0 1

pH.

Fig. 7.— Error of glass electrode in the acidic solution;
hard glass (memb. 10) and Maclnnes glass (memb. 7);
HC'l: A, expt. 1 (memb. 10); B, expt. 2 (memb. 7).

Moreover, ain the acidic solution varies with the
change of pH, because a is the function of the values
both YDand I+ which vary also with pH. Accord-
ingly. the deviation AE of the potential of cell (A)
from the constant value or actually from the
extrapolation of eq. (33), which is usually called the

0 -0-0—0— 0-0-
cX
<12
3
4
0 1
pH.

Fig. 8.— Error of glass electrode in the acidic solution,
expt. 1, memb. hard glass (memb. 10), HOI: straight line,
E - RT/F (pH) -f- const.; a = 1;

p=I/T+x xt=7TTTT-
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error of glass electrode, cannot in general be esti-
mated (Figs. 7,8). However, in the ideal case when
a==1,i.e, inexpt. (1) o: Figs. 7 and 8 this estima-
tion is possible and AE thus obtained agrees well
with eqg. (37) as shown in expt. (1) of Fig. 9. And

pH.

Fig. 9.— Plot of log e - 1~ x iTe aE
A, expt. 1 (memb. 10):

against pH, HC1
B, Maclnnes and Beicher.

also in the alkaline solution, where the glass elec-
trode is usually used only in the range of lower
concentration, ¥a remains nearly constant and a
can be assumed to be constant (Fig. 11). Accord-
ingly, AE can be clearly obtained. AE, thus ob-
tained, is found to be in good agreement with eq.
(36) as shown in Fig. 12.

Most of the data reported by previous in-
vestigators have been obtained by using vari-
ous buffer solutions. Therefore, they are not
adequate for the comparison with the present
theory. The only adequate one of them, re-
ported by Maclnnes and Belcher,1lis given in
Fig. 9. As seen from the curve, observed data
fit fairly well with the theoretical results. It
may be due to the impossibility of expanding
the exponential term of eq. (12) that, the ex-
perimental results do not fairly fit the theory
at higher concentrated solution in each ex-
periment.

Here, I+ and L in the pore were assumed
to be equal to the mobility in the solution and
sometimes to be obtained by extrapolating to
higher concentration, as were considered in
the previous section.

Fig. 10.— Asymmetric potential in the acidic solution;
memb., hard glass (memb. 10), HC1: a — 1; =
d r xr t T d x 4.325

20.0;, K = -84.03.

(11) D. A. Maclnnes and D. Belcher, J. Am. Chem. Soc., 53, 3315
(1931).
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280

Fig. 11.— Error of glass electrode in the alkaline solution;
memb., hard glass (memb. 11), KOH: straight line, E — a

pH + const; a = 0.970; 0 = n X

I+ + /-

?t (ft 0 being assumed) = ;+— —z X 0.01627

e T

W

Fig. 12.—Plot of log (ec - ™ +

pH;

) ir AE ~ 1 against
memb., hard glass (memb. 11), KOH.

6. Asymmetric Potential

Although asymmetric potential, that is, the
potential difference of cell (C) has hitherto been
qualitatively attributed to the crystalline state
or composition of glass of the inner and outer sur-
face of membrane, it is thermodynamically im-
possible that cell (C) has any potential difference
at the true equilibrium state.

Hg HgCl satd. KOI | Sol. [ Glass i Sol. |satd. KC1 HgCIl Hg
©

As the ionic diffusion across the glass membrane
is supposed to be very much slower owing to its
compactness, the stationary state at which ions
diffuse into the membrane from both sides of it
may reasonably be assumed. This fact will be
understood from the experiments that a in eq. (33)
is independent of the concentration of the solution
inside of the glass membrane. Therefore if the
distribution function of the pore diameter on one
surface of the membrane differs from that on the
other, the diffusion potential at one side of the
membrane may not be equal to that at another, so
that the asymmetric potential difference is ob-
served. Assuming the concentration in the middle
of the membrane to be CQ asymmetric potential
AEN\ is therefore given by

M itsuru N agasawa and Y oxosuke Kobatake
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iln
yC + O
RTL ) (‘A
E L(C ff2)In C

c + ft.

-

\h 4 1-) {In((7+ ft) +
h ~ k

-Ci++ k)[inct  «]

where K is independent of C and is dependent on

(38)

Co, ft, , «i, etc.
If ax= aZ2= 1, we obtain
RTF 2L (C+*Y 1] + k (39)
AEa~ "L ~1l+ +L \C+0jJ

The experimental results of the asjcmmetric poten-
tial are given in Figs. 10, 13, 14. It is obvious from
eq. (38) or (39) that the asymmetric potential has
nearly a constant value and happens to deviate
from its constant value at the same concentration
as the error of the glass electrode, as indicated in
Fig. 14.

pH.

Fig. 13.— Asymmetric potential of glass electrode in the
alkaline solution; memb., hard glass (memb. 11), KOH: a

— 0.970; ft = X y- (ft = 0 being assumed) =
I+ + - ft

X 0.0162-; ft = ]+ X 0.003007: K = -13.9.

Fig. 14.— Asymmetric potential of glass electrode; memb.,

hard glass (memb. 10), HC1 and NaOH.

The full line in Fig. 8-13 denotes the calculated
values, of ft, ft, K being assumed. They are seen
to be in quite satisfactory agreement with the
experimental values of the error of glass electrode
and of the asymmetric potential, respectively.
Here, it is remarkable that both the asymmetric
potential and the error of the glass electrode are
fully explained by using the same value of ft.
It may probably be due to the freedom of the em-
pirical constant that this agreement is fairly good
up to higher ionic concentration than in the Debye-
Hiickel theory for the dilute solution of electrolyte.

The authors wish to thank Prof. K. lvanamaru
and Assist. Prof. T. Hata and others at the Labora-
tory of High Polymers in the Tokyo Institute of

Technology for their help and encouragement in
carrying out this work.
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