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RADIATION-INDUCED EXCHANGE OF HYDROGEN CHLORIDE-C13% AND
PROPYL CHLORIDES1

By Rowland £. Johnson2and Charles . Miller, Jr .3

Qriribtionfia the Deertrert of Greisiry; Flarich Sete University, Tallaesss, Fla

Received March 7, 1958

The 7-irradiation of the two propyl chlorides has be&;l studied, both alone and admixed with hydrogen chloride-CI&

The principal radiolysis product is hydrogen chloride;

<i values are 3.38 for n-PrCl and 3.82 for ¢-PrCl.

The isotopic

exchange reaction is zero order in hydrogen chloride; (®Qe values are 3.32 for n-PrCl and 1.27 for i-PrCl. A mechanism

is suggested for the exchange.

Introduction

T.ie identification of products from the 7 -irradia-
tion of materials has been hampered both by the
small yields available and by the transient nature
of many of the species produced. Special tech-
niques such as gas chromatography and mass
spectroscopy have been used to overcome these
difficulties. Another possible technique is the in-
corporation of a small amount of a radioactive
tracer in the system during irradiation; the tracer
is available to react with transient species as they
are produced and the label can be used to follow
small amounts of material. Other workers have
used this approach; a recent paper by Schultes
gives an application in the CCIls+Clz2 system.

In our work, we were interested in testing the
method to compare the reactions of two similar ma-
terials. We chose for irradiation one of the sim-
plest systems available, the two propyl chlorides.
We expect in such small organic halides that the
major interaction of radiation will be with the hal-
ide atom.s We find that there is negligible thermal
exchange of the organic halide with other halogen
atoms present in compounds in the system.s Chlo-
rine has a radioactive isotope of convenient energy,
half-life and accessibility. Finally, we might hope
to correlate any difference in reaction rates with

(1) Supported in part by the Research Corporation. Presented at
the American Chemical Society Meeting, San Francisco, April, 1958.
(2) Texas Instruments, 0000 Lemmon Avenue, Dallas, Texas.

(3) Work performed in partial fulfillment of the requirements for
Master of Science degree.

(4) J. Schulte, J. Am. Chem. Soc., 79, 1043 (1957).

(5) 13. M. Tolbert and R. M. Lemmon, Rad. Res., 3, 52 (1955).

(6) P.B. D.de La Marc, J. Chem. Soc., 3109 (L955).

the structural difference between the molecules.

Our experimental procedure consisted of the 7-
irradiation of propyl chlcride alone and admixed
with hydrogen chloride-Ci& The hydrogen chlo-
ride is quite soluble in propyl chloride. The rela-
tively high ratio of propyl chloride to hydrogen
chloride ensures that the main portion of the radiol-
ysis occurs in the propyl chloride; we assume that
the hydrogen chloride is not affected by the 7-
radiation. Loss of activity from the hydrogen
chloride-Clss is assumed to indicate the production
of some intermediate species leading to isotopic ex-
change between propyl chloride and hydrogen
chloride.

Experimental

Materials.—Hydrogen chloride, Matheson, 99+ %, was
bubbled through an aqueous solution of hydrogen chloride-
CI3®B(received on allocation from the Atomic Energy Com-
mission). The gas then was passed through a trap at —78°
and a phosphorus pentoxide tube. It was stored in a
stainless steel tank until used.

Isopropyl chloride (i-PrCl), Matheson, Coleman and
Bell, was used without further purification. A gas chro-
matogram showed no (<0.1%) impurities.

Normal propyl chloride (n-PrCl), Matheson, Coleman
and Bell, was used without further purification. A gas
chromatogram showed the presence of negligible amounts
(<0.5% total) of i-PrCl, rapropyl alcohol and a third conm+
ponent.

Pyridine, J. T. Baker, purified grade, was distilled and
stored over potassium hydroxide.

Radiation Source.—All irradiations were carried out in
the Florida State University cobalt-60 facility. During our
irradiations, the activity was approximately 388 -curies.
In the work position, approximately 1.64 X 108e.v. ml.-1
hr.-1 were available as measured by an 0.8 AT H2SO4 ferrous
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sulfate dosimeter using G(Fc++ —=m Fe+++) to be 15.5.7
(By comparison, the radiation from the tracer was at least
a factor of 108less.) Rough calculations indicated that the
mass absorption coefficients of the dosimeter solution and
the propyl chlorides were very similar; we assumed the co-
efficients to be identical. Corrections for decay of the co-
balt-60 were made as necessary. All irradiations were
carried out at ambient temperatures, 25 + 1°.

Experimental Procedures.—The procedures used for both
propyl chlorides were identical. Samples for irradiation
were pipetted into thin-wall Pyrex bulbs. A bulb was at-
tached to a vacuum system and degassed by the standard
procedure of cycles of freezing, pumping and melting.
After a final freezing, the bulb was sealed off if it were to be
used for the irradiation of pure propyl chloride. If the run
were to measure isotopic exchange, labeled hydrogen chloride
was introduced from an auxiliary dosing system before the
bulbs were sealed off. The gaseous volumes of the scaled
bulbs were kept as small and reproducible as possible.
The bulbs were placed in the cobalt-60 source to be removed
at preselected times.

After irradiation, isotopic exchange mixtures were sepa-
rated with pyridine. The bulb was opened in an evacuated
container having a side arm containing excess pyridine.
The reaction mixture was distilled into the pyridine, then
all volatile components distilled away from the pyridinium
hydrochloride. The latter was hydrolyzed, the chloride
converted to silver chloride by standard methods, and
counted as suggested by Kahn.8 No attempt was made to
analyze the extremely low activity of the propyl chloride.

In a series of runs on irradiation of propyl cliloride alone,
the amount of hydrogen chloride produced during irradia-
tion was measured by direct titration. The bulb was
opened in an evacuated container containing a few ml. of
water and a drop of phenolphthalein solution. The con-
tainer was vigorously agitated, opened, and the solution ti-
trated with 0.1 N sodium hydroxide.

In another series of runs on irradiation of propyl chloride
alone, the bulb (after irradiation) was opened in an evacu-
ated container having a side arm containing excess pyridine
to which a measured dose of labeled hydrogen chloride had
been added. The propyl chloride mixture was distilled
into the pyridine mixture and out again as described above.
Care was taken to ensure complete mixing of the labeled
and unlabeled pyridinium hydrochlorides. Chloride activity
was determined as above.

Preliminary investigations showed that there was neg-
ligible thermal exchange between propyl chloride and hy-
drogen chloride-CI® at room temperature. We find half-
times of exchange at 50° of >82 days for (-PrCl and >107
days for ra-PrCl. (The difference may not be significant.)
Attempts to find some exchange reaction occurring after
irradiation proved fruitless. Samples separated immedi-
ately (~20 minutes) after irradiation showed the same frac-
tion of isotopic exchange as those separated 150 hours after
irradiation, other conditions being equal.

Analysis of species produced as a result, of the irradiation
was attempted using a Model 154B Perkin-Elmer gas chro-
matograph. Pure chloride was irradiated and a portion of
the sample evaporated. The peaks of this aliquot were
identified by comparison runs with known compounds.

Results

Formation of Hydrogen Chloride by Radiolysis.
—All runs in which the isotopic exchange rate is to
be determined must be corrected for the hydrogen
chloride produced by radiolysis of the propyl
chloride. The rate of production of hydrogen
chloride could be measured by titrating as de-
scribed above; the experimental values were (9.24
+ 0.19) X 10~4mmole ml.-1 hr.-1 for n-PrClI and
(10.44 + 0.62) X 10~4 mmole ml.-1 hr.-1 for i-
PrCl. The rates were constant over the period of
our runs. These results correspond to Ggici values
(molecules yield per 100 e.v.) of 3.38 and 3.82, re-
spectively.

(7) R. M. Lazo, II. A. Dewhurstand M. Burton, J. Chem. Phys., 22,

1370 (1954).
(8) M. Kahn, et al., Nucleonics, 13, #5, 58 (1955).
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To define further the experimental conditions, we
examine the runs in which we diluted the hydrogen
chloride produced during the irradiation with la-
beled hydrogen chloride introduced during the sep-
aration procedure. From the decrease in specific
activity of the chloride we can calculate the amount
of chloride species produced during irradiation
which are permanent and are capable of exchanging.
The results agree with the values for the production
of hydrogen chloride given above.

Calculation of Fraction of Isotopic Exchange.—
Since we have a non-equilibrium system, the usual
isotopic exchange expressions9do not apply to the
present case. The specific activity of the hydrogen
chloride (had no dilution occurred) S at any time t
depends upon the original specific activity and the
amount of exchange. S may be calculated from
isexp, the experimentally determined specific activ-
ity, by

S = sxp (A + KO)/A (1)

where A is hydrogen chloride originally present, fc'
is the rate of production of hydrogen chloride, and
parentheses indicate concentrations.
The rate of exchange, R, then is given by the
expression
_ 4+ KOY)B)dIng - B
(A + Kt+ B)af '

where B is propyl chloride and F is the fraction ex-
change calculated by the usual methods using the
values of S calculated from eq. 1. We neglected
the small change in concentration of propyl chlo-
ride during a run. In our experiments, the con-
centration of propyl chloride was much greater
than the amount of hydrogen chloride (including
that produced during the irradiation), (B) » (A

+ k't). Then
p_ A+K)dinag —PF
h ~ dt (3)
and
R = K{A + KtY(BY'(iy (4)

where /c" is the specific rate constant of the exchange
reaction, / is the radiation density, and n, m and p
are constants describing the kinetic order of each
of the reactants. Since B is the solvent whose con-
centration remains essentially constant during the
runs and since the radiation density remained con-
stant during the runs, the last two terms remain
constant and may be incorporated in /c" to give .
Equating eq. 3 and 4 then gives

din@a - B = -k(A + k'ty-1d (5)
and
n@a- F)=- [A+ KtY - (AY] (n* o)
(6a)
n@a- P =- IN01 + *'0 (» = 0) (6b)

Table | gives the experimental data of the runs
made with labeled hydrogen chloride added. The
data of each run were applied to eq. 6a and 6b try-
ing various values of n in the former case. Only

(9) A. C. Wahl and N. A. Bonner, Editors, “Radioactivity Applied

to Chemistry,” John Wiley and Sons, Inc., New York, N. Y., 1951,
Chp. 1
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eg. sb gave consistently constant values of k and
this equation is used to calculate the values of kin
Table 1. Table Il shows the data for a typical
run. Calculations show the Gexole values (mole-
cules exchanged per 100 e.v.) to be 3.32 for n-PrClI
and 1.27 for i-PrCl.

Tabte |

Propyl Chloride-H ydfogen Ciiloride-C1¥3R uns

Initial HC1, k X 10\d
mmoles ¢mex C mmoles
Run ml.-i hr. hr.-1 ml._I

Normal propyl chloride*

| 0.085 84.25 9.18
2 170 66.5 9.16
3 .170 97.5 8.74
4 .170 63.5 9.15
5 .350 96.0 9.24
6 .350 88.5 8.64
7 .350 92.0 9.16
Av. 9.04 £0.25
Isopropyl chloride'l
8 0.085 120 0 457
9 .170 96 0 3.65
10 170 74 0 3.98
1 .350 140 5 2.66
12 .350 56.0 2.46

Av. 3.46 £0.72
“n-PrCl concentration, 12.30 mmoles ml.-1. 6i-PrClI
concentration, 11.88 mmoles ml.-1. cTime at which last
point in run was removed from irradiator.
density of 1.64 X 100e.v. ml.-1 hr.-1.

Tabte Il

dFor aradiation

Data of a Typical Run*

HC1 at
mmnlra fHCI + k'O t
Sample ml.">» (HC1) 1- F hr.
1 0.170 1.00 1.00 0.0
2 184 1.08 .90 16.0
3 .196 1.15 .90 28.5
4 213 1.25 .85 47.5
5 .235 1.38 71 71.8
6 .257 1.51 .68 97.5

0 Initial concentration of hydrogen chloride was 0.170
mmole ml.-1, ra-PrCl was 12.30 mmoles ml.-1.

The gas chromatography data showed the forma-
tion of very small amounts of hydrogen, methane
and hexane during radiolysis of the pure chlorides.
In addition, a very small amount of ethane was
produced from n-PrCl during radiolysis but not
from f-PrCl. Propane and hydrogen chloride were
the only species found in larger amounts.

Discussion

From the results, we see that hydrogen chloride
and propane are the major products of the 7 -irra-
diation of propyl chloride. In addition, exchange
occurs between propyl chloride and hydrogen
chloride via some transient species produced during
irradiation. The reaction is zero order in hydrogen
chloride and pseudo-zero order in propyl chloride.
However, we assume that the reaction is actually
first order or higher with respect to propyl chloride
and that the first reaction is the rupture of the C-CI
bond, neglecting the small amount of reaction to
produce other species.

R adiation Exchange of Hydrogen Chloride-C13 and Propyl Chlorides
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The rates of hydrogen chloride production are
very similar for the two chlorides. The exchange
rate for the n-PrCl is about the same as the rate of
production of hydrogen chloride and is almost three
times as fast as the exchange rate of the f-PrClI.
From these data we might imagine that the reac-
tions to produce hydrogen chloride are very similar
for the two chlorides and that the exchange reac-
tions depend more upon the structures of the two
molecules. We suggest a series of equations to
explain the main reactions

RC1— ~v-+ rR- + CI- (7a)
Cl- + RC1 — >mHC1 + -R'Cl (production of HC1) (7b)
R- + HC1— + RH + CI- (loss of HC1) (7c)
Cl* + RC1 — >mCl- + RC1* (exchange reaction) (7d)
Cl-* + RC1 — > HC1 -+ -R'CI* (exchange reaction) (7€)

In addition, propane may be produced by
R- + RC1 — > RH + -R'CI (8)

We also expect the exchange of radioactivity to be
very rapid between chlorine atoms and hydrogen
chloride molecules.

The production of hydrogen chloride would de-
pend upon the reactions of eq. 7a, 7b and 7c though
the latter will be relatively unimportant because
of the low concentration of hydrogen chloride. The
rates for the two chlorides would be quite similar
since neither eq. 7a nor eq. 7b differentiates
greatly between the normal or iso form with the
latter being only slightly favored in each case. If
the primary process involves instead the rupture of
a C-C bond, we expect methane or ethane (plus
other fragments) from the n-PrCl and methane
from the f-PrCl. The very small amounts of
these species found confirm that this type of reac-
tion is negligible in our system. Of course, hexane
would be expected from recombination of propyl
radicals. Propane will be produced by the reac-
tions of eq. 7cand s .

The exchange reaction would occur via eq. 7d and
7e. In our proposed mechanism, none of the other
reactions given above would lead to exchange. We
assume also that reactions of an organic radical to
extract a chlorine atom from labeled hydrogen chlo-
ride or the recombination reaction of a propyl rad-
ical and a labeled chlorine atom, eq. 9a and 9b,
are negligible.

R- + HC1* — ~ RCP + H- (9a)
R- + Cl*-—-t RCI* (9b)

In either case, 7d or 7e, we expect a difference in
rate depending on whether RC1 is n-PrCl or i-PrCl.
Bimolecular substitution reactions are known invol-
ving radicals1y in a bimolecular substitution reac-
tion, n-PrCIl would be expected to react faster than
(-PrCl.  The relative importance of the two ex-
change reactions is unknown but we believe that
7d is the more important. Our conclusion, then
is that the exchange reaction and hydrogen chloride
production are essentially separate reactions and
that there is a fortuitous agreement of the two rates
in the case of n-PrClI.

We are grateful to Drs. Ernest Grunwald and
Russell IT Johnsen for helpful discussions and the
latter for help with the irradiations.

(10) R. A. llerrman and R. M. Noyes, J. Am. Chern. Sue., 78, 5761
(1956).
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Lithium oxide sublimes mainly by decomposition to the elements at 1400°K., but an appreciable partial pressure of
LiD(g) in equilibrium with the solid is indicated by mass spectrometric studies of LiD sublimation from a platinum Knudsen

cell.

LiD(g), Af20° = 104 £ 5 kcal./mole; LiO(g) = Li(g)

From absolute pressures and estimated thermodynamic functions, the following heats were obtained: LiD(s) =
O(g), DO ~ 83 kcal./mole (3.6 e.v.).

LiO(g) is of very minor

importance as a vapor species, but LiONa(g), formed when Na is present as an impurity, appears to have considerable sta-

bility.

Introduction

The nature of the gaseous species subliming from
solid alkali metal oxides has been the subject of
considerable speculation and experimentation.
Brewer,2from a consideration of the data available
in 1951, decided that there was no evidence for the
existence of important alkali metal oxide gaseous
molecules except possibly LiD and LiO. Theo-
retical calculations by Brewer and Mastick3treat-
ing the M2 molecule as a linear assemblage of three
ions, suggest the CsD, RbD, K2 and Na2 should
vaporize by decomposition to the elements with no
appreciable contribution due to M2 gaseous mole-
cules. These calculations do indicate the possible
importance of LiD, but the uncertainty is large.
Experimental determinations of the vapor pres-
sures of LiD and Na2d have been made by Brewer
and Margrave4 using the Knudsen effusion tech-
nique. The observed pressures of both substances
agreed within experimental error with the pressures
expected for simple decomposition to the metal
gases and 02 However, when the same investi-
gators measured the volatility of LiD in streams of
argon and oxygen, no decrease in volatility upon
changing from argon to oxygen at one atmos-
phere was observed, thus demonstrating that the
partial pressure of Li2 gaseous molecules must be
comparable to that of the elements in the saturated
vapor of LiD.

In this work on lithium oxide, a mass spectrome-
ter has been used to investigate the vapor in ther-
modynamic equilibrium with solid Li2 inside a
Knudsen cell. Observation of ion masses and meas-
urement of ion currents then provide a means of
identifying the species in the vapor and obtaining
thermodynamic data for the gaseous equilibria in-
side the Knudsen cell. With this experimental ar-
rangement it is possible to obtain more unambigu-
ous information than that which may be obtained
from either Knudsen weight loss or flow type ex-
periments.

Experimental

The mass spectrometer and associated Knudsen cell as-
sembly have been described in detail earlier by Chupka and

(1) Work performed under tlio auspices of the U. S. Atomic Energy
Commission.

(2) L. Brewer, Chem. Revs., 52, 1 (1953).

(3) L. Brewer and D. F. Mastick, J. Am. Chem. Soc., 73, 2045
(1951).

(4) L. Brewer and J. Margrave, J. Chem. Rhys., 59, 421 (1955).

Inghram,6 and Porter, Schissel and Inghram.6 In this ex-
periment, the Knudsen cell was made of platinum and was
contained within an Inconel oven. It was necessary to
contain the sample completely in platinum since the Inconel
acts as a reducing agent as was evidenced in the earliest runs
without a platinum lid where the vapors were in contact
with the Inconel cover.

The temperature of the cell was measured with a cali-
brated optical pyrometer, which was sighted through a
Pyrex window and a slot in the radiation shields onto a
black-body hole in the cell. A correction was made for the
transmission of the window.

The vapor effusing from the Knudsen cell entered directly
into the ionization chamber of the mass spectrometer where
the neutral atoms and molecules were bombarded with
electrons of controlled energy and thus ionized. An elec-
tron multiplier was used for ion detection. The output of
this multiplier was measured by a vibrating reed electrome-
ter and recorded by a strip chart recording potentiometer.
This provided ready measurement of ion currents as low as
10_19 amp.

The lithium oxide was prepared by heating lithium car-
bonate to about 1000° for 1.5 to 2 hours and pumping off
the C02 Brewer and Margrave4 discuss the chemical and
physical properties of the product obtained in this manner.
A small amount of sodium impurity (about 0.3%) threatened
to thwart efforts to determine the existence of a gaseous LiO
molecule since ZNa+ and 1Li¥ + both occur at mass 23.
To overcome this difficulty, some lithium oxide used in one
run was prepared from @i metal as

2«Li + 2HD = 24.i0H + H2
(NH92C03+ 26.iOH = aix 03+ 2NH3+ 2HD
ai2x03= aid + C02
The @.ilB + ion has mass 22, a relatively “clean” position

compared to mass 23 with its continuously varying amount
of 2N a+due to depletion of the sodium impurity with time.

Experimental Results

A. ldentification of the Gaseous Species.—
When the decomposition reaction of the lithium
carbonate apparently was complete and the pres-
sure due to the evolved C02gas was reduced, a mass
scan was made and the species produced by elec-
tron bombardment of the effusing vapor were
identified. Peaks at masses 7, 30 and 32 were
shown to be 1Li+, 1Li2l80+ and 10 2+, respectively.
A subsequent investigation of the isotopic struc-
ture of the peaks due to the two lithium isotopes
provided a positive check on the identity of the
lithium-containing species. Using normal lithium
oxide, a peak at mass 23 was found to be due to
Na+, as mentioned before. However, when one
run was made with a sample of lithium oxide en-

(5) W. A. Chupka and M. G. Inghram, T nis Journa1, 59, 100
(1955).

(6) Porter, Schissel and M. G. Inghram, J. Chem. Phys., 23, 339
(1955).
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riched with the @.i isotope, a peak at mass 22, at-
tributable to @.i¥® + was observed. Appearance
potential curves for Li+, LiO+and Li2 + are shown
in Fig. 1. With the known ionization potential
(5.36 e.v.) of gaseous lithium atoms as a standard, it
was determined that A.P. (LiO+) = 9.0 £ 0.2 e.v.
and A.P. (Li2D+) = 6.8+ 0.2e.v.

A peak observed at mass 46 was at first attrib-
uted to Li2 2+, but later identified as LiONa+ pro-
duced by ionization of LiONa which was formed by
the reaction of the Na with the Li2D. Evidence for
the identity of the species observed at mass 46 was
the fact that the intensity at mass 46 followed the
decline in intensity of the sodium impurity as the
activity of the latter diminished. In addition, the
mass 46 peak was much more intense during the
initial runs under reducing conditions which is con-
trary to the effect one would expect for an LiD2
species.

B. The Equilibrium: LidD(s) = 2Li(g) +
VD 2ZAg).— It was possible to calculate the equilib-
rium constant for the decomposition reaction and
hence the equilibrium partial pressures of gaseous
lithium and oxygen over the temperature range
investigated by making use of thermodynamic data
which were available in the literature. For such
calculations, the heat of formation and entropy for
formation of solid Li2D at 298°K. have been given
by Johnston and Bauer.7 The relative enthalpy,
Ht° — H2es° and the relative entropy, St° — Sm?, of
the solid were evaluated by extrapolating the equa-
tions of Shomate and Cohen8 from 1045°K., the
highest temperature at which their data were ob-
tained, to 1600°K. All the necessary functions for
lithium and oxygen were obtained from the tabu-
lation of thermodynamic properties of the elements
by Stull and Sinke.9 The results of these calcula-
tions are presented in Table I.

The partial pressure of a particular species is re-
lated to the observed ion intensity by the equation
P = kI+T where P = vapor pressure, X = propor-
tionality constant, /+ = positive ion current, and
T = absolute temperature.’0 Itispossibleto evalu-
ate the proportionality constant in the ion current-
pressure equation (and therefore the absolute par-
tial pressure of a gaseous species inside the Knud-
sen cell) from a sensitivity calibration with a sub-
stance of known pressure and an estimate of the
relative ionization cross sections.511

In this experiment it was assumed that the effus-
ing vapor had the composition of the solid. The rela-
tive ionization cross sections ¢ then were evaluated
for Li and 02 by comparing the observed ion in-
tensities of these species on the detector and using
the factor mIm 2/2 as a correction for speed of
transit across the ion chamber. The observed ion
intensity of LiD + was converted to pressure of LiD
by assuming that <r(LiD) = 2o-(Li) + VZr(02 and

(7) H. L. Johnston and T. W. Bauer, 3. Am. Chem. Soc., 73, 1119
(1951).

(8) C. H. Shomate and A. J. Cohen, ibid., 77, 285 (1955).

(9) D. R. Stull and G. C. Sinke, “Thermodynamic Properties of the
Elements,” Advances in Chemistry Series No. 18 (American Chemical
Society, 1956).

(10) W. A. Chupka and M. G. Inghram, J. Chem. Phys., 21, 371
(1953).

(11) M. G. Inghram, W. A. Chupka and Porter, ibid., 23, 2161
(1955).
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Electron energy.

Fig. 1.— lonization efficiency curves for lithium oxide vapor
species.

comparing to lo,+ and the previously calculated
pressure of 02 In a like manner the pressure of
LiO was obtained from the ion intensify of LiO+ by
assuming that c-(LiO) = o-(Li) + 1 2-(03. Taking
a(02 = 1, it wasfound that o-(Li) = 1.1, o-(LiD) =
2.7, and o-(LiO) = 1.6. The calculated cross sec-
tions of Otvos and Stevenson12 show that cr(Li)/
v(02 = 1.26. Insofar as these calculations may be
assumed to approximate the true cross sections,
experimental evidence is thus obtained for the ab-
sence of reduction and for the validity of the above
assumption that the vapor and solid have very
nearly the same composition.

C. The Equilibrium: LiD(s) = LiD(g).—Two
independent methods were employed to extract
the heat of sublimation of the LiD from the ex-
perimentally observed ion currents of LiD +. By
making use of the ion current-pressure relationship,

P = 1d+T, and the Clausius-Clapeyron equation
dInP AHdb
d(s/m ~ R

a value of AfiT°sb which is independent of the pro-
portionality constant, k, may be found from the
slope of the curve obtained when plotting In (I +T)
vs. I/T. A Clausius-Clapeyron plot for the sub-
limation of Li2D is shown in Fig. 2. The slope of
this plot yielded a heat of sublimation of 108.3
kcal./mole-1 over the temperature range 1248-
1534°K., and a heat of sublimation of 115.9 kcal./
mole-1 at absolute zero.

The alternative procedure was to use k, the cali-
bration constant evaluated as previously discussed,
to determine the absolute pressure of LiD. The

(12) J. W. Otvos and D. P. Stevenson, J. Am. Chem. Soc., 78, 546
(1956).
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Table |
LkO(s) = 2Li(g) + VsOifg)
T (°K.) 1/T X 10* log Aorj log Po2 ROiiatm) P Li(atm)
1000 10.000 -30.32 12.61 2.46 X 10-13 9.84 X 10-13
1050 9.524 -28.07 11.71 1.95 X 10"12 7.50 X 10-12
1100 9.091 -26.02 -10.89 1.29 X 10-11 5.16 X 10-11
1200 8.333 -22.45 9.46 3.47 X 10-'° 1.39 X 109
1300 7.692 -19.44 8.26 5.50 X 10"9 2.20 X 10“8
1400 7.143 -16.88 7.23 5.89 X 10"8 2.36 X 10-7
1500 6.667 -14.67 6.35 4.47 X 10-7 1.79 X 10“6
1000 6.250 -12.74 5.58 2.63 X 10-6 1.05 X 10“6
estimated stretching bond constant of 6 X 105

Fig. 2.—Clausius-Clapeyron plot for Li«0(g) above LiD(s).

heat of sublimation then was obtained from an es-
timate of AsSnib and the relationships

AF° = —RT InP
AF° = AW - TAS®
In a like manner, the heat at absolute zero was then

obtained from an estimate of A[(FO — Ho°)/T]ab
and the relationship

The ion currents of Li2 + and the partial pressures
of LiD gas are listed in Table Il at various tem-
peratures.

The entropy and free energy function of solid
LisO were derived from the previously mentioned
sources of data. However, an estimation of the
entropy and free energy function of the gas neces-
sitated the formulation of a molecular model and
an estimation of vibrational frequencies. The in-
ternuclear distance and stretching bond constant
were chosen by comparison of LiO to the iso-elec-
tronic molecule BeF which is included in the com-
pilation of molecular data by Herzberg.13 An

(13) G. Herzberg, “Molecular Spectra and Molecular Structure.

Spectra of Diatomic Molecules,” D. Van Nostrand Co., Inc., New
York, N. Y., 1050.

sample, the isotope ratio was @ i/7Li =

dynes cm.-1 yielded a ground-state vibration fre-
qguency of 1450 cm.-1. The LiD molecule was as-
sumed to be bent with an Li-O-Li bond angle of
105° and a bending force constant of 0.65 X 106
dynes cm.-1, obtained by comparison to similar
molecules suchas D). The valence-bond approxi-
mationX4 was used to determine the three frequen-
cies of vibration. The frequencies 1270, 740 and
1650 cm.-1 were used in the computations. Table
111 presents the computed thermodynamic func-
tions for the LiO and Li2D gaseous molecules which
were used in the absolute pressure treatment of the
mass spectrometric data.

Table Il
LhO(s) = LioO(g)

T /T log Li20
(°K.) X 10< I +Liio P 1120 (5“71,)
1248 8.013 2.123 X 103 -9.530 2.95 X 1010
1304 7.669 1.144 X 105 -8.780 166 X 10-°
1327 7536 2.453 X 105 -8.451 354 X 10°
1356 7.375 5.720 X 105 -8.064 8.63 X 10-°
1364 7.331 7.920 X 105 -7.920 1.20 X 108
1372 7.289 1.042 x 10s -7.798 159 X 1038
1390 7.194 1.617 X 10B -7.602 2.50 X 10-8
1398 7.153 1.980 X 106 -7.521 3.01 X 108
1447 6911 7.810 X 106 -6.000 1.26 X 107
1448 0906 7.590 X 106 -6.912 1.22 X 10-7
1467 6.817 1238 X 107 -6.694 2.02 X 107
1485 6734 1.771 X o1 -6.533 2.93 X 107
1534 6519 4.545 X 107 -6.110 7.70 X 107

These values for the entropy and free energy func-
tion of the gaseous Lid, together with the observed
absolute pressure, yielded the values of AH+t° and
A/IC which are presented in Table IV. The aver-
age values are A7/T° = 96.1 keal. mole-1 and A//C
= 103.7 keal. mole-1. The difference between
the slope and third law values of AHQ is thus about
10.5%. Its most likely cause is temperature inho-
mogeneity within the Knudsen cell.

Tabte Il

Statistical Entropies and Free Enep.gy Functions

LiO Gas LisO Gas
T —F° — H<P ~Fo - Ho
(°K.) So T So T
1300 58.126 50.301 70.384 59.551
1400 58.761 50.947 71.351 60.358
1500 59.356 51.488 72.263 61.123
D. The Equilibrium: LiO(g) = Li(g) +

VA ZAg)—In the run with the isotopically enriched
0.825.

(14) G. Herzberg, “Infra-Red and Raman Spectra,” D. Van Nos-
trand Co., Inc., New York, N. Y., 1945, pp. 172, 180.
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Tabte IV

Statistical Heats of Reaction for LIZ)(S) = le(g)

Allt°

_a(Fo-H o A//0°

CK) aees T AHE T )
1248 35.420 79.030 98.6 40.294 $3.904 104.7
1304 35.034 75.209 98.1 40.106 $0.281 104.7
1327 34.865 73.536 97.6 40.023 78.694 104.4
1356 34.651 71.551 97.0 39.918 76.818 104.2
1364 34,592 70.834 96.6 39.889 76.131 103.8
1372 34.533 70.217 96.3 39.860 75.544 103.6
1390 34.400 69.185 96.2 39.794 74.579 103.7
1398 34.341 68.758 96.1 39.765 74.182 103.7
1447 33.991 65.567 94.9 39.573 71.149 103.0
1448 33.984 65.615 95.0 39.569 71.200 103.1
1467 33.848 64.481 94.6 30.494 70.127 102.9
1485 33.720 63.617 94.5 39.423 69.320 102.9
1534 33.379 61.338 94.1 39.220 67.179 103.1

This was verified by monitoring the &.i and 7i
peaks as well as the 7Li2® and 7Lidil® peaks.
The mass 28 peak could not be used due to the
high background of carbon monoxide.

Absolute pressures of LiO were then determined
from the observed ion currents of @.i)8 + and com-
bined with the free energy functions to yield the val-
ues of AHC® in Table V. The average value, AH(®
= 24.1 kcal. mole-1, combined with the dissocia-
tion energy of oxygen, AHC® = 118.0 kcal. mole-1,
yielded the value Z)®(LiO) = 3.6 e.v. for the disso-
ciation energy of the LiO gaseous molecule. This is
in qualitative agreement with the slope value DC-
(LiD) = 7.0 e.v. or the 3rd law value ZV(LiD) =
6.5 e.v. since it is to be expected that the addition
of one lithium atom to oxygen will release slightly
more energy than the addition of a second lithium
atom. The DC(LiO) obtained must be considered
only an upper limit, since the LiO+ was all as-
sumed to be produced by simple ionization of the
LiO molecule. The appearance potential of LiO
(9.0 e.v.) is considerably higher than that of Li2 +
(6.8 e.v.). If the observed LiO+ were produced
by fragmentation of the LiZD molecule, this value
would indicate that the ionization potential of the
LiO molecule is about 5.5-6.0 e.v. (assuming that
AE for the reaction Li2D “m LiO +- Li is about 3-3.5
e.v., i.e., slightly less than one-half the atomization
energy of LidD).

Tabte V

Statistical Heat of Reaction for

LiO(g) = Li(g) + 7s04g)

T ‘R (FO - /VX AH®A Al
(CK.) In Aeq \Y T ) T (kcal.)
1346 7.00 11.54 18.54 24.9
1351 5.81 11.54 17.35 23.4
1390 5.54 11.55 17.09 23.8
1400 5.58 11.55 17.13 24.0
1444 5.22 11.58 16.80 24.3
1470 4.76 11.60 16.36 24.1

If the LiO+ were produced by fragmentation of
LiD, the absence of an ion intensity of LiO+ below
9.0 e.v. enables one to estimate the maximum
partial pressure of LiO that would evade detection.
This partial pressure, about one-thirtieth of that
shown in Table VI, would imply that DQLIiO) is
less than 3.2 e.v. Since the atomization energy of
Li2 is about 7.0 e.v., this implies that the addi-

tion of a second Li atom releases more energy than
the first, which is unlikely. For the above reasons
it appears quite probable that the observed LiO+
ion is a parent ion and that the value obtained for
the dissociation energy of LiO is correct.

Table VI

Composition of the Vapor at 1400°K.

. p Mole %
Species (atm.) of vapor
Li 2.36 X 10~7 72.2
02 5.89 X HR8 18.0
LiD 3.10 X HR8 9.5
LiO 9.5 X 10->° 0.3
Tabte VII
Heats of Various Reactions in the Li-0 System*
Reaction A/l (keal.) Method
LiD(s) = LiD(g)  Affuoo0 — +108.3 Exptl. slope
Aff,« = +115.9 Exptl. slope
A/lids — + 96.1 Exptl. 3rd law
Allo° = +103.7 Exptl. 3rd law
LiD(s) = 2Li(g) A = +219.3 Available thermo-

+ 'A0ZQ) dynamic data
Available thermo-

dynamic data

Allrad — +214.6

LioO(g) = 2Li(g) Aff0 = +161.7 Available data
+ O(9) and slope Aff,u0
Affo» = +173.9  Available data
and 3rd law
Affaub0
LiO(g) = Li(g) Affo0 = + 241 Experimental 3rd
+ VD Z9g) law
LiO(g) = Li(g) Affo» = + 831 Available data
+ 0O(g) and 3rd law
Aff

* Note added in proof.—Since this paper was submitted
for publication, some experimental data on the structure of
the Li»0 molecule have become available. Electron diffrac-
tion studies by P. A. Akishin and N. G. Rambidi (Doklady
Akad. Nank S. S. S. R., 118, 973 (1958)) yield the value r-
(Li-O) = 1.82 A. and angle 110° for Li-O-Li. The use of
these values in the calculation of thermodynamic functions
results in an increase of S by 1.156 e.u. for LiO(g) and by
1701 e.u. for LnO(g). The correct thermodynamic func-
tions, together with the absolute pressure data, give these
corrected results:

LiD(s; = LiD(g) AHollm  + 98.5 kcal.

Aff,» = +106.1 kcal.
LiD(g) = 2Li(g) + O(q) Affo» = +171.5 kcal.
LiO(g) = Li(g) + 1/202(g) Affo0 = +122.5 kcal.
LiO(g) = Li(g) + O(9) AH,» = + 815 kcal.
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Discussion

The saturated vapor in equilibrium with solid
Li2 contains gaseous Li, 02 and LiD in compa-
rable amounts with LiO as a minor constituent.
The composition of the vapor at 1400°K. is shown
in Table 1V. In addition to the previous results,
calculations using the limited data available for the
LiONa (mass 46) peak show that AFim°® = —5.2
kcal./mole-1 for the reaction Na(g) + LiD(g) =
LiONa(g) + Li(g). The existence of detectable
amounts of gaseous NaD molecules over solid so-
dium oxide is thus suggested.

The heats of various reactions are given in Table
VII. In order to see what effect the shape of the
molecule has on the third law heats of reaction in-
volving this molecule, a recalculation of the en-
tropy at 1400°K. was made assuming a linear model,
but with the same bond constants. The resulting
third law entropy for the linear model was CG.82e.u.,

, Trruko Yamanaka and Kyoji Kinoshita
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compared with 71.35 e.u. for the bent model. At
1400°K., the difference in AH would be TAS or
6.34 kcal. mole“1 Closer agreement between the
slope and third law values of the heats is obtained us-
ing thermodynamic quantities calculated for a bent
model. This is to be expected since both covalent
and ionictmodels predict a bent form for the LiD
molecule. In the case of the ionic model this bent
form is aresult of the large polarizability of the oxy-
gen ion and the high polarizing power of the lithium
ion. The large amount of polarization in this mole-
cule can also be considered as a large covalent con-
tribution to the bond.

The third law heats are considered more reliable
since the slope of the log P vs. I/T curve could easily
be too high if temperature gradients exist in the
Knudsen cell.

(15) F. Hnnd, Z. Physik, 32, 1 (1925).

SURFACE CHEMICAL PROPERTIES IN AQUEOUS SOLUTIONS OF NON-

IONIC SURFACTANTS:

OCTYL GLYCOL ETHER, a-OCTYL GLYCERYL

ETHER AND OCTYL GLUCOSIDE

By Kozo Siiinoda, Teruko Yamanaka and Kyoji Kinoshita

Department of Chemistry, Faculty of Engineering, Yokohama National University, Minamiku, Yokohama, Japan
Received June SO, 1958

The surface tension, critical micelle concentration (c.m.e.), surface excess, foaminess and foam stability of aqueous solu-
tions of octanol, octyl glycol ether, octyl glyceryl ether and octyl glueoside have been determined. The surface activity
and/or c.m.c. values of non-ionic surfactants, containing the octyl group as the hydrocarbon chain, are similar to those of
ionic surfactants containing the undeeyl or dodecyl group as the hydrocarbon chain. As the foaminess and foam stabil-
ity of the compounds in the series improved markedly with the increase in the size of the hydrophilic moiety, these prop-

erties are probably dependent upon the hydrophilic-lyophilic balance of the molecule.

Introduction

In spite of the industrial importance of non-
ionic surface active agents, few reportsl-3 con-
cerning the surface chemical properties of the pure
materials have been published, probably because
the pure compounds are difficult to obtain; both
the synthesis of pure polyoxyethylene alkyl ethers
and the purification of commercial non-ionic
surfactants are troublesome.

We have investigated the surface chemical
properties of a series of octyl polyol ethers to de-
termine the effect of differences in the hydrophilic
group. The relatively short hydrocarbon chain,
C8 was chosen as the hydrophobic group because
(1) the c.m.c. values of these non-ionic surfactants
are close to those of ionic surfactants containing
the dodecyl group; (2) with C8as the hydrocarbon
chain, the hydrophilic-lyophilic balance changes
considerably with an increase in the number
of oxygen atoms from 1to 6; and (3) the synthesis,
purification and measurements of longer chain
compounds are more difficult.

(1) c. R. Bury and J. Browning, Trans. Faraday Soc., 49,
(1953).

(2) T. Nakagawa, et al., 3. Chem. Soc. Japan, 77,
79, 345, 348 (1958)(in Japanese).

3) L. M. Kushner, w. D. Hubbard and A. S. Doan, T h:s Journat,
61, 371 (1957).
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1503 (1956);

Experimental

Materials.—Octanol obtained from the Kao Soap Co.
Ltd. was purified by fractional distillation through a 100 cm.
column to give a product boiling at 96° (16 mm.).

Octyl glycol ether, synthesized4from octyl bromide (b.p.
94-95° at 20 mm.), and ethylene glycol (b.p. 116° at 40
mm.), was purified by fractional distillation through a 60
cm. column, b.p. 132° (21 mm.); riZD 1.4355, n-°D 1.4357.4
a-Octyl glyceryl ether prepared5 from glycerol a-mono-
ehlorohydrin (b.p. 125-130° at 21 mm.) and sodium octyl-
ate, was purified by distillation, b.p. 132-133° (0.5 mm.);
d0.9614; %42Zd 1.4517.

/3-D-Octyl Glueoside.—Glucose was acetylated to give 0-
pentaacetyl glucose (m.p. 127.5-128.5°) which upon bromi-
nation yielded acetobromoglucose, m.p. 87-88°. This
bromo compound reacted with octanol in the presence of
silver oxide to give /3-tetraacetyl octyl glueoside67 (m.p.
61.5-62.5°), which was deacetylated in sodium methylate
solution in 24 hours at 10-20° to yield /5-octvl glueoside;
m.p. 63.8-65° (62-65°,7 65-99°6); H 2d -33.8° in 4%
aqueous solution ([a]Z» —34°).7 Careful purification,
drying and crystallization were indispensable in the synthe-
sis of this compound.

Procedures.—Surface tension was measured by the drop
weight method, with a tip 0.249 cm. in diameter, in an air
thermostat at 25 + 0.2°. There was no appreciable change
of surface tension with time within two minutes after the

(4) F. C. Cooper and M. W. Partridge, J. Chem. Soc., 459 (1950).

(5) G. G. Davies and W. M. Owens, ibid., 132, 2542 (1930).

(6) C. R. Noller and W. C. Rockwell, 3. Am. Chem. Soc., 60, 2076
(1938).

(7) W. W. Pigraan and N. K. Richtmyer, ibid., 64, 369 (1942).
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Table |
Cme Surface Al'lea pler
.M.C., Solubilit; molecule
Surfactant mole/1. (r?nL)lleI/ll,)y (moI:X;eslsO"*") (A»)
r®&h 0.0038 5.6 30
IhOCH,Cl11,011 0 0049 .0075 5.2 32
r®chZhohch,oh .0058 .012 5.2 32
R8CH-(CHOH)s .025 A+ 4.0 41
r,nchéi .23 4.9 34«
Ri,OSONa .0081* 4.0 33,* 40¢
Rlo(oii,cn,o0)sdr .00025* .0013 + 4.9 34
“Ref. 1. -Ref. 11. *Ref. 12. *“ Ref. 2.
formation of droplets. The correction of Harkins and
Brown8 was applied.
The foaming properties of a given surfactant are charac-
terized by at least two parameters; one is the foaminess and
the other the foam stability.9 The foaminess was measured
by the procedure described previously.10 The foam stability
was expressed as the time required for the foam height to
decrease to one-half of the initial height in a closed test-tube.
Results
The surface tension-log concentration curves are
shown in Fig. 1. For the sake of comparison, the
data for polyoxyethylene dodecyl ether2and sodium
dodecyl sulfatellwere included. The value of octyl
glucoside obtained by Bury and Browninglis in
excellent agreement with our value. The in-
flections in the curves correspond to the c.m.c.
values (or the maximum concentration of molecular Fig. 1—The surface tension-log concentration curves

dispersion) of non-ionic surfactants. Because the
activity of solute is constant over the flat portion of
the surface tension-concentration curve for a two
component system, the concentration of molecu-
larly dispersed solute stays approximately con-
stant over the flat portion, provided the solution is
dilute. The c.m.c. values thus obtained from Fig.
1 are given in Table I. The flat portions of the
surface tension-log concentration curves increased
remarkably with the size of the hydrophilic group,
i.e., the larger the hydrophilic group, the larger the
ratio of solubility to c.m.c. Thisflat portion (micel-
lar region) is very significant, since surfactants,
which do not show this phenomenon, possess little
solubilizing power, detergent action, etc. Table I
gives the c.m.c., surface excess and residual area
per molecule estimated from the data in Fig. 1
under the assumption thatdIna/dInc — 1. The
values for octylpyridinium chloridelwere included
for comparison. The solubility was obtained from
the turbidity change. The surface tension meas-
urements were extended to the emulsified solution
in some cases in order to obtain a clearer flat por-
tion.

Foaminess and foam stability are plotted as
functions of the concentration in Fig. 2. The
foaminess of octanol (30 seconds after shaking)
was zero over the concentration range examined.
The arrows indicate the c.m.c. values. It is
evident that there is a close relation among foami-
ness, foam stability, c.m.c. and hydrophilic-
lyophilic balance.

(8) W. D. Harkins and F. E. Brown, J. Am. Chem. Soc., 41, 519
(1919).

(9) W. M. Sawyerand F. M. Fowkes, T hisJournalt, 62, 159 (1958).

(10) M. Nakagaki and K. Shinoda. Bull. Chem. Soc. Japan, 27,
367 (1954).

(11) G. Nilsson, T nis Journat, 61, 1135 (1957).

(12) A. Wilson, m. B. Epstein and J. Ross, J. Coll. Sci., 12, 345
(1957).

of octanol, octyl glycol ether, a-oct.yl glyceryl ether and
octyl glucoside.

Fig. 2—The foaminess and foam stability as a function
of the log concentration of octyl glycol ether, octyl glyceryl
ether and octyl glucoside. Arrows indicate the c.m.c.

Discussion

(1) The c.m.c. values of the ionic surfactants,
potassium octanoate and octylpyridinium chloride,1
are, respectively, 0.2 and 0.23 mole/l.; whereas
those of non-ionic polyol ethers containing the same
hydrocarbon chain are of the order of 0.005-
0.025 mole/l., i.e., the c.m.c. values of ionic sur-
factants are 10-40 times larger than those of non-
ionic surfactants. Accordingly, the electrical re-
pulsion of an ionic surfactant, to which no salt has
been added, is about 2.3-3.7fc7V3¥4 This value
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is in good agreement with the 2.9kfl estimated
by another approach.B

(2) The c.m.c. values of sodium dodecyl sulfate
and sulfonate, 0.0081 and 0.0095 mole/1., are close
to those of non-ionic surfactants containing a Cs
hydrocarbon chain. Thus, the surface activity
of non-ionic surfactants with octyl as the hydro-
phobic group is similar to that of ionic surfactants
with dodecyl as the hydrophobic group, provided
that the hydrophilic groups of the non-ionic sur-
factants are not very large.

(3) The c.m.c. value of octyl glucoside (0.025
mole/l.) is about 100 times larger than that of poly-
oxyethylene dodecyl ether (0.00025 mole/l.),
although the hydrophilic groups are nearly the same
size. Therefore, the energy required to transfer
one methylene group from a hydrocarbon medium

(13) K. Shinoda, Bull. Chem. Soc. Japan, 26, 101 (1953).

(14) J. Th. G. Overbeek and D. Stigter, Rec. trav. chim.,

(1956).
(15) K. Shinoda, Tina Journat, 60, 1439 (1956).
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to water is estimated as about 1.15kT.n

(4) Figure 2 shows that foaminess and foam
stability increase remarkably with the size of the
hydrophilic moiety of the molecule; for example,
the foam stability of octyl glucoside is about 100
times greater than that of octyl glycol. The so-
called hydrophilic/ lyophilic balance seems to
bear a close relationship to these properties.

(5) The surface tension-log concentration curves
of pure surfactants exhibit sharp inflections, while
the commercial surfactants in many cases exhibit
a gradual decrease in surface tension over a large
concentration range. RiD(CHZHM)5.8H,2which
was purified by molecular distillation, shows no
sharp inflection, a finding which suggests that the
surface tension measurements were affected by
time or that the material was impure.

We wish to thank Mr. S. Hirota for the syn-
thesis of octyl glycol ether, and Mr. S. Hayashi
and Mr. S. Tamba for carrying out preliminary
experiments.

IN COLLOIDAL

ELECTROLYTE SOLUTIONS

By C. Botré, V. L. Crescenzi and A. Mele

Laboratorio Ricerche sulla Struttura e VAttivita di Oamostl chlmu
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Membrane electrodes of both negative and positive type have been used to determine the activity of counterions in agueous

solutions of cationic and anionic detergents.
centration for micelle formation.

The method has been found to be a useful tool to determine the critical con-
An evaluation of the degree of association between micelles and counterions from the

experimental activity coefficients has indicated that the strong electrostatic field of the charged micelles tends to bind a

large fraction of counterions.

Introduction

Results of several investigations on colloidal
electrolytes have shown that the properties of aque-
ous solutions of this class of compounds, of which
detei'gents are typical examples, exhibit a more or
less abrupt change at a critical value of the con-
centration. This value marks almost a transition
from the ideal behavior to the markedly abnormal
behavior observed at low and high concentration,
respectively. A process of formation of aggre-
gates is the accepted explanation for the existence
of a critical concentration.

It is generally agreed that amphiphilic molecules
arrange themselves to build a micelle so that the
hydrocarbon chains orient themselves away from
the water while their polar groups are distributed
on the surface.*3 The aggregation of single mole-
cules containing polar groups to form micelles, ob-
viously causes a new situation regarding the distri-
bution of their counterions in solution. The ionic
heads forming a charged layer on the external sur-
face of the micelles may be expected to exert a high
electrostatic field in the neighborhood of the mi-

(1) G. S. Hartley, “Aqueous Solutions of Paraffin Chain Salts,”
Actualités Scientifiques et Industrielles n° 387, Herman et Cie., Paris

1936; Kolloid Z., 38, 22 (1939).
(2) J. W. McBain, “Colloid Science,” D. C. Heath and Co., Boston,
Mass., 1950.

(3) P. Debye and E. W. Anacker, T hts Journa1, 55, 644 (1951).

A simple treatment of soap micelles as polymeric electrolytes has been considered.

celles, and therefore to affect the distribution of the
counterions around them. The consequent inter-
action between micelles and counterions leads to the
lowering of the free charges of the former because
of an extensive binding of counterions. This fact
may offer a very significant contribution to the
growth and stability of the micelles.

In our opinion, useful information about the
complex phenomena of micelle formation in ionic
detergent solutions might be gathered from a de-
tailed knowledge of the above effects, as may be
inferred, for instance, from a study on the activity
of counterions in these solutions.

The present work reports some data on the ac-
tivity coefficients of three typical ionic detergents,
i.e., sodium lauryl sulfate, sodium laurate and kur-
ylamine hydrochloride. The activity of counter-
ions has been determined by means of membrane
electrodes both of negative and positive type, and
the investigation has been extended to a wide
range of detergent concentrations. An attempt to
treat theoretically micelles as polymeric electro-
lytes also will be reported.

Experimental
Material.—Sodium lauryl sulfate (NaLS) was prepared
following a procedure described by Dreger.4 The product

“4) E. E. Dreger, G. |I. Keim, G. A. Miles, L. Shedlovsky and J,
Ross, Ind. Eng. Chem., 36, G10 (1944).
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was purified by repeated crystallization from ethyl alcohol
and extraction with ether for 36 hours. Sodium laurate
(NaL) was obtained by neutralizing pure grade lauric acid
with standardized sodium hydroxide.

Laurylamine hydrochloride (LAH) was obtained by dis-
solving laurylamine (pure grade) in ethyl alcohol and add-
ing concentrated HC1. Precipitation of the product oc-
curred on standing. The crystalline material thus ob-
tained was purified by several crystallizations from ethyl
alcohol.

Membrane Potential Determinations. Apparatus.—
Figure 1 shows schematically the apparatus for the poten-
tiomet.ric titrations, which is basically the same as that used
in a previous investigation.5

The agar bridges of the usual type employed in our pre-
vious work were replaced by mixed agar-liquid bridges as
shown in Fig. 1. It was found, in fact, that precipitation
of the detergent occurred at the tip of the agar bridges,
causing an interruption of the electrical circuit.

Cation selective membranes were prepared according to
the procedure already described5 Anion selective mem-
branes, A-10 Permaplex, were supplied by United Water
Softener Ltd., London. The standardization of the mem-
branes was performed always before their use, by titrating
a standard NaCl solution against the same NaCl solution.
The results of these titrations confirmed their high selec-
tivity. The slopes of the straight lines obtained by plot-
ting the e.m.f. versus the logarithm of the activity, according
to Nernst's equation, were found to be 56-57 mv. for nega-
tive membranes and 53-54 mv. for positive membranes.

Procedure.—A solution of detergent was placed into one
half cell and a standard solution of NaCl into the other (see
Fig. 1). The membrane potential determinations were
carried out either by diluting stepwise a concentrated solu-
tion of detergent with water or vice versa by concentrating
a diluted solution of detergent. Readings of the potentials
were recorded at each step. The activity of counterions
was calculated from Nernst's equation at each concentra-
tion of detergent and has been expressed as y+ —a+/e for
anicnic detergent and -y_ = a, /c for cationic detergent.

Conductivity Measurements.—A Philips a.c. bridge was
used. A stock solution of detergent contained in a 100-ml.
cell was diluted progressively with water and readings were
taken at each stage.

The values of the c.m.c. were obtained by plotting in each
case the specific conductivity against the square root of the
concentration .6

Results and Discussion

Determination of the C.m.c.—In Fig. 2 typical
plots of the activity coefficients of Na+ ions against
the molar concentration of NaLS are reported.
The upper curve is relative to NaLS in the absence
of extraneous ions, and the lower curve to NaLS in
the presence of added NaCl (0.02 M).

In Fig. 3 analogous plots are shown for NaL and
for LAH. As may be seenfrom the curves reported,
arather sharp break occurs for all the compounds at,
a certain concentration of detergent. These breaks
have been identified with the critical micelle con-
centration in each case. The values of the c.m.c.

Tabte |
Conductivity Mem -
Our brane
Compd. results Lit. Dyed potential
NaL 0.032 0.034* 0.024 0.035
NaLsS .008 .0085 .0061 .008
LATI .014 ,0138e .0131 .014

» E. Gonick, J. Am. Chem. Soc., 67, 1191 (1945). 6 Ref-
erence 6. *A. W. Ralston and C. W. Hoerr, J. Am. Chem.
Soc., 64, 772 (1942). dW. D. Harkins “The Physical
Chemistry of Surface Films,” Reinhold Pubi. Corp., New
York, N. Y., 1957, p. 304.

International
suppl.

(5) C. Botr™, V. L. Crescerai and A. Mele, “Proc.

Symposium Coordination Compounds, Rome 10i>7," Ricerca

Sci., 28, 369 (1958).
(6) R.J. Williams, .I. N. Phillips and T\. .. Mysels, Trans. Faraday
Soc.. 51, 728 (1955).
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Fig. 1.—Apparatus.

V

ot it /< jj *0 st 3« r. to it

Fig. 2—Experimental activity coefficient 7,* as a function
of the molarity of sodium lauryl sulfate (NaLS).

interpolated from the curves of Figs. 2 and 3, are
reported in the fourth column of Table I.

From these results it appears that membrane
electrodes may offer a new useful technique to
determine the c.m.c. in detergent solutions. A
gualitative approach to this method was outlined
by Kolthoff, et al.,1some years ago, but to the best
of our knowledge no further work has been carried
out along this line.

As mentioned in the experimental part, the mem-
brane potential determinations were carried out
following two alternative procedures. While the
two methods have provided equivalent results re-
garding the values of the c.m.c., the general trend of
the y-concentration curves below the c.m.c. was
found to be dependent markedly upon the proce-
dure followed. Lower values of the activity coef-
ficients were obtained by using the dilution method.

(7) C. W. Carr, W. F. Johnson and I. M. Kolthoff, T his Journal,

52, 036 (1918).
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LAH MK 10,

Fig. 3.—Experimental activity coefficient yel as a function
of the molarity of sodium laurate (NaL) and laurylamine
hydrochloride (LAH).

Fig. 4.—Experimental activity coefficient yex as a function

of Co/C according equation 2 : --------- , sodium lauryl sulfate
(NaLS);------ , sodium laurate (NaL); lauryl-
amine hydrochloride (LAH).
Thus far, no satisfactory explanation may be ad-
duced. False equilibria and formation of small
clusters of detergent molecules may account for
this peculiar effect. These hypotheses can only be
convalidated-by a further and more careful study.

Binding of Counterions in Micelle Solutions.—
With regard to the change of the activity coefficient
with concentration, it may be observed that below
the c.m.c. the behavior of detergent molecules is
not very different from that typical of uni-univalent
electrolytes. The departure from the behavior
which might be predicted by direct application of
the Debye-lliickel theory can be ascribed to the
tendency of detergent molecules to give small ag-
gregates below the c.m.c. Actually in the case of
sodium lauryl sulfate, dimerization is claimed to oc-
cur up to 50% at the critical micelle concentrations;
perhaps for sodium laurate and laurylamine hydro-
chloride the situation is similar.

Immediate”™ above the c.m.c., the 7 -concentra-
tion curves show a steep decrease which is clearly
consistent with the assumed nature of the micelles
in solution. The high charge density on the surface
of micelles exerts a strong electric field on the count-
erions, which therefore are attracted strongly.

Using our experimental data, we have made an
attempt to evaluate the extent of the binding of
counterions by micelles. For this purpose we have
assumed, in agreement with generally accepted

(8) P. Mukerjee, Abstracts of the Meeting of the American Chem.

Soc., Miami, April, 1957.
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views, that above the c.m.c. any addition of deter-
gent merely increases the number of micelles. Both
the concentration of monomers and the number of
monomers per micelle are considered constant.

With these conditions and by formal separation
of the contribution of the unmicellized and micel-
lized molecules, the experimental activity of count-
erions may be expressed as

a= ¢(Co+ adn (1)

where

Co = c.m.c.

Om = —5— = micelle concn.

a = degree of dissociation of micelles

y = activity coefficient of counterions

n = number of monomers

C = concn. of detergent

It follows from (1) that the experimental value of
the activity coefficient is

Tex —ay + t[CdC(1 —a.] 2)

In Fig. 4 a plot of yexagainst Co/C is shown for the
three detergents studied. In each case, a linear
relationship is obtained indicating that both y and
a may be considered practically constant in the
range of concentration investigated. By extrapo-
lating Co/C = 0, the values of ay have been ob-
tained (see first column of Table I1), and in turn
assuming y to be equal to the experimental value
at the critical micelle concentration (second col-
umn of Table Il1) approximate values of a have
been calculated for each case (third column of
Table I1).

From the number n of monomers per micelle and
the value of a, the number of charges z, per micelle
has been calculated (fourth column of Table II).
In the last column of the same table, the values of
the degree of dissociation a evaluated from the data
given in the literature (light scattering and elec-
trophoresis) also are shown.

Tabte Il
7 at .
Compd. ay c.m.c. a n z' fit.
NaLS 0.124 076 0.16 8% 13  0.18»
NaL .16 .51 31
LAH .10 .67 A5 13 * 20 0.116
“J. N. Phillips and K. 3. Mysels, T his Journar, 59.
325 (1955). bM. E. McBain and E. Hutchinson, “ Solu-

bilization,” Academic Press, Inc., New York, N. Y., pp.
232-235. cz = an.

The agreement is very satisfactory, particularly
in view of the approximations in the above treat-
ment and of the many restrictive hypotheses made
in order to estimate the z values from light scatter-
ing and electrophoresis.

The high binding properties toward their own
counterions and the practical invariance of the de-
gree of binding shown by micelles in detergent solu-
tions has been suggested to compare micelles with
polymeric electrolytes. It is apparent from the
results of this investigation that micelles and the
coiled macroions which are present in solution of
polyelectrolytes, show many common features.
Micelles, in fact, may be considered as spheres with
a charge distribution on the surface, comparable in
size and shape—though to a smaller degree—with
coiled polyelectrolytes.
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A convenient approach to the problem of binding
by micelles will be considered here on the basis of a
simple theory that has been proved already to be
successful when applied to other polyelectrolytes.9

For this purpose, a simplified picture of micelle
solutions was assumed. Micelles were considered
as spheres covered with n ionizable groups (n =
number of monomers per micelle) of radius a cor-
responding to the hydrocarbon chain length of the
monomers. The monomers present in solution at a
practically constant concentration (c.m.c.) were
assumed to play the role of “added salt.” Both
radius and number of ionizable groups per micelle
were considered independent of micelle concen-
tration. Therefore, an evaluation of the binding of
counterions by micelles has been made by means of
the relation

IDv b L " Inr=* + m

proposed by Oosawa for spherical polyelectro-
lytes,0where m is the number of added ions. The
parameter p is related to the charge n on the spheri-
cal ion and its dimension a according to e is the

ne2
P ~ DkTa “)
charge, D the dielectric constant and k and T have
the usual meaning. <is the volume fraction of the
micelles and it is proportional to the micelle con-
centration according to

g 1f®By Cm — -jp- (5)

N = Avogadro number
V —total volume
a and n have the meaning as in (4)

Equation (3) has been applied to NaLS, a com-

pound of well defined properties and structure.
Values of a have been calculated for NaLS in

the absence of extraneous ions (rm = c.m.c.) and
(9) F. Ascoli, C. Botré, V. L. Crescenzi, A. M. Liquori and A. Mele,

to be published.
(10) F. Oosawa J. Polymer Sci., 23, 421 (1957).
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for NaLS in the presence of NaCl 0.02 M (m =
c.m.c. + 0.02). The parameters introduced in (3)
are fisted in Table 111 and the linear plots obtained
are shown in Fig. 5.

neti

Fig. 5.—Degree of dissociation a versus the molarity of
sodium lauryl sulfate as calculated according to equation 3.
The points represent the values of a from the 7ez's.

Tabte Il
a. mc X
Compd. A. n 102 v
NaLSs* 18.5 80 0.80 32.0
NaLS-NacCl, 0.02 Mb 21.0 94 2.39 33.1

°J. N. Phillips and W. J. Mysels, T his Journal, 59,
325 (1955). 6D. Stigter and W. J. Mysels, ibid., 59,
45 (1955). cm in the absence of added NaCl is assumed
equal to the concentration of detergent at the c.m.c.

The points on the curves represent the value of a
as obtained according to relation 2 from the experi-
mental data. The agreement between theory and
experiments is quite satisfactory; furthermore,
the effect due to the addition of NaCl on the degree
of dissociation is correctly verified by the theory.

Acknowledgments.—The authors are greatly in-
debted to Prof. A. M. Liquori for helpful suggestions
and stimulating discussions. This work was spon-
sored and financially supported by Colgate-Palm-
olive Company, New York, which is gratefully
acknowledged.
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A model for the structure of active carbon and a mechanism for the formation of such a structure is proposed.

According

to this view, the micropore structure of conventional active carbons is formed by a random oxidative attack on individual

graphitic planes.
mental data.

Introduction

Two steps common to the preparation of active
carbons are carbonization and activation.2 In
the first step, organic matter is pyrolyzed to give a
carbonaceous residue, or “char.” In the activation
step, a gaseous oxidant is commonly used to de-

(1) Presented in part before the Division of Physical and Inorganic
Chemistry at the 133rd meeting of the American Chemical Society,
San Francisco, California, April, 1958.

(2) J.J. Kipling, Quart. Revs., 10, 1 (1956).

A mathematical treatment based on this model defines a structure consistent with the available experi-

velop a pore structure in the char. Carbons used
for gas adsorption are activated by steam through
the endothermic water-gas reaction.

Gas-adsorbent carbons apparently have a layer
structure,3 with a micropore system consisting
of molecular-size fissures4 developed during the
activation step. Typically, about half of the car-
bon is consumed during this step. The size and

(3) P. H. Emmett, Chem. Revs., 43, 69 (1948).
(4) W. F. Wolff, This Journa1, 62, 829 (1958).
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shape of these pores, and the amount of carbon
consumed, suggest that they are formed by the
burning out of layer segments from stacks of graph-
itic planes.

This hypothesis has been developed in the form of
a general model for the structure of active carbon
and a mechanism for the formation of such a struc-
ture. Many elements of the model are modifi-
cations of previously developed views.2-6 The
assumption that the activating agent randomly
attacks the planes allows the model to be treated
guantitatively. A mathematical treatment gives
relationships between the surface area and density
of carbon that can be checked experimentally.

Formation of Active Carbon.—Steam-activated
and similar carbons are hypothesized to be formed
in the following manner. In the carbonization
step, pyrolysis of organic matter leads to the forma-
tion of polynuclear aromatic systems similar to,
but much smaller than, those found in graphite.
These small graphitic-like planes tend to be stacked
one on the other7to form more or less impervious
particles, of which the external surfaces provide
the surface area of the char. The planes are
bounded by hydrogen, hydrocarbon radicals or
other functional groups. Carbonization is com-
pleted in the activation step with the removal,
cracking or cyclization of the less-stable edge
groups. Thus, the complexity of the edge groups
is reduced in proportion to the severity of the acti-
vation conditions.

The activating agent also attacks the individual
planes. Once the oxidation has been undated at
the periphery of any one of them, further attack on
the same plane is favored over another initiation
step. The oxidation continues until the edge
atoms in the attacked plane attain a structure,
or structures, that resists oxidation as much as the
edge atoms in the unattacked planes. Thus,
activation proceeds with the removal of large
segments of individual planes. The remaining
fissures, only a few angstroms wide, make up the
micropores of the active carbon. Because the
initiation step occurs in a random fashion, some
micropores with widths corresponding to the
removal of two or more adjacent planes are formed.
The macropores are not formed during the acti-
vation step but are the interstices between grajihitic
particles; they have dimensions many orders of
magnitude greater than the micropores.

Indirect support for the activation mechanism
is given by data from other studies. In the oxi-
dation of carbon blacks, the porosity obtained in
partially oxidized particles has been attributed to a
preferential attack on the edge atoms of graphitic
planes.8

Studies with graphite crystals910 show that
gaseous oxidants preferentially attack the carbon

(5) J. C. Arnell and W. M.
(1948).

(6) J. W. Hassler, “Active Carbon,” Chemical Publishing Co., 1951,
p. 25.

(7) H, L. Riley, Quart. Revs., 1, 59 (1947).

(8) W. R. Smith and M. H. Polley, T his Journa1, 60, 689 (1956).

(9) G. R. Hennig, “Properties of Graphite Compounds,” presented
at the Second Conference on Carbon, Buffalo, N. Y., June, 1955.

(10) G. R. Hennig, “Catalytic Oxidation of Graphite,” presented at
the Third Biennial Carbon Conference, Buffalo, N. Y., June, 1957.

Barss, Can. J. Research, 26A, 236

F. W ol ff

Yol. 63

along a graphite plane and leave hexagonal open
areas, with visible step-like discontinuities at the
edges. These observations support the view that
the burning out of graphitic planes is terminated
by the formation of a particularly stable configura-
tion of edge atoms or functional groups.

Mathematical Model.—The changes in the car-
bon structure called for by the preceding hypoth-
esis should be predictable on a probability basis.
An attempt has been made to develop a mathe-
matical system capable of predicting them as a
function of the degree of activation.

A mathematical model was set up in which the
char is considered to be formed of small graphitic
cubes equal in size. The size of each cube is
determined by the number of planes and the inter-
planar distance. Activation involves the random
removal of entire planes from the cube. Except
when planes are removed from the top or bottom
of the stack, removal of planes leaves fissures in the
cube.

In order to relate the surface areas calculated
by this model to experimental values determined
by nitrogen adsorption,11 restrictions must be
placed on the surface areas assigned to the fissures.
Those formed by the removal of two or more adja-
cent planes are assigned an internal area equal to
the areas of the tops and bottoms of the fissures;
those resulting from the removal of a single plane
are assigned only half as much area. In this man-
ner, account is taken of the fact that only a single
layer of nitrogen molecules can fit into the smallest
crevices.

From such a model, the surface area, density,
pore-size distribution and similar parameters are
obtained as functions of the number of planes re-
moved, and thus of the degree of activation. The
density value most readily obtained from the mathe-
matical model corresponds to the density of the
regions that contain only micropores and can be
defined as the micropore density.

The relations that give the surface area A in
square meters per gram and the micropore density
d in grams per cubic centimeter as functions of the
degree of activation are

= 2618(3 - 2/) 1309/(7. - fL - 1){L + fL - 2)
£('-/) L{iL - (T -1
mn
and
=MH1-/)2+ (1-/)] (I

(L. 1 -

wherel/is the fraction of the planes removed during
activation, L is the number of graphitic layers in an
unactivated particle, and dc is the micropore density
of the unactivated char in grams per cubic centi-
meter. Derivations of these and subsequent
equations from the mathematical model are given
in the Appendices.

Under the restrictive assumptions that the
graphitic particles in the char are very large and
have the density of graphite, egs. | and Il reduce to

4 = 1300/(1 + /) (1

(11) S. Brunauer, “The Adsorption of Gases and Vapors.
Physical Adsorption,” Princeton Univ. Press, Princeton, N. J., 1943,
pp. 285-299.

L+ 2)/

Vol. 1.
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Carbon
Fineman A
Fineman B
Guest B
Fineman C
Fineman E
Fineman F
Fineman G
Drake, Columbia
Drake, Darco
Wiig, PN208
Wiig, PN94
Wiig, PN98
Wiig, PN102
Wiig, PN110
Wiig, PN112
Sargent
Burrell
Fislier
Wood charcoal
Sucrose
HNCh Leached
Columbia
Columbia
Pittsburgh
Emmett, CWSN-
Dubinin, Carbon
Dubinin, Carbon
Everett, 90%
Everett, 78%
Everett, 44%
Everett, 19%
Davies A
Davies B
Davies C
Davies D
Davies |
Davies J
Davies K
Davies E
Davies F
Davies G
Davies H
Davies L
Davies M

alsd

1
apparent density in -tigw
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Tabte |

Surface-Area and Micropore-density Values

Probable
carbon
source Ref.
Coconut 12
Coconut 12
Coconut 13
Coconut 12
Coconut 12
Coconut 12
Wood 12
Coconut 14
?) 14
(Coal Char) 15
Coal 15
Coal 15
Coal 15
Coal 15
Coal 15
Coconut
Coconut
Coconut
Wood
Sucrose
Coconut
Coconut
Coconut
Coal
19 Wood 3
1 ?) 16
1 ?) 16
Coconut 17
Coconut 17
Coconut 17
Coconut 17
Nutshell 18
Nutshell 18
Nutshell 18
Nutshell 18
Nutshell 18
Nutshell 18
Wood 18
Coal 18
Coal 18
Coal 18
Coal 18
Lignite 18
Coal 18

1 1 1T 1 11

Gas

employed Method
B.E.T. in surface used in
surface area meas- mputing
area (m.2g.) urement L d values
644 N. 0.759 a
749 n2 762 a
792 n2 762 a
895 n2 .848 a
1070 n2 .907 a
1136 n2 977 a
1840 No 1.525 u
1397 N. 0.982 b
560 No 681 b
162 N. 714 b
404 No 661 b
501 No 696 b
754 No 745 b
1056 N, 873 b
1105 No 950 b
1035 N? .87 c
1143 No 1.02 c
1092 N, .98 c
745 n2 1.01 c
314 No 0.61 c
1126 No 1.03 c
1457 n2 1.12 d
1430 n2 1.15 d
854 n2 0.83 d
1227 1.05 d
386 hD(?) 0.59 €
547 hD(?) 59 €
512 Celle 67 f
551 CdH6 70 f
1159 cthb J.01 f
999 Crib 0.93 f
1303 Cdh: .99 J
1002 cthb 87 /
870 cdie 84 /
677 CceH6 74 /
1418 Celie 1.30 /
936 C.He 87 /
1969 Colie 153 /
1237 Celle 1.09 0
996 Celie 0.92 a
774 Celie .80 0
566 Celle 70 0
635 Celle 1.22 9
611 Celio 0.70 0
n,r 0—1 1

apparent density in Hg

Maeropore volume, Frecro, determined from volume of mercury forced into pores at known pressures. c I/d = 0.44 +
P/Po = 1. d1/d — 0.43 + volume N2adsorbed at P/Pa = 1. el/d~ 0.44 -f micropore volume.

volume N2adsorbed at

!'\/d = 0.44 + volume C@H6 adsorbed at P/Pa = 1.

and

d= 2261 - /) (V)&

(12) M. N. Fineinan,
Research, 248, 109 (1946).

R. M. Guest and R. Mclntosh, Can. J.

(13) R. M. Guest, R. MclIntosh and A. P. Stuart, ibid., 24B, 124

(1946).
(14) L. C. Drake and H
787 (1945).

. L. Ritter, ind. Eny. Chem., Anal. Ed., 17,

(15) E. O. Wiig and S. B. Smith, Tins Journal, 55, 27 (1951).
(16) M. M. Dubinin, Quart. Revs., 9, 101 (1955).

(17) D. Il. Everett and
A230, 91 (1955).

W. I. Whitton, Rroc. Roy. Soc. (London),

(18) R. G. Davies, Chemistry and Industry, 160 (1952).

g1/d 1=0.43 + volume ColL adsorbed at P/Po = 1

Under the same restrictions, the calculation of
theoretical pore distributions becomes equally
simple
Fw' = /*m-I(l - f) )

Aw = 1309/(1 - /), for IF = 1 ()
and

Aw = 2618/ (1 - /), for IF> 1 (VII)
where Fw' is the fraction of pores formed by the re-

moval of W adjacent planes when a certain fraction
/ of the total number of planes is removed at ran-
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RECIPROCAL OF MICROPORE DENSITY ,CC./G.

Fig. 1.—A(d) plotted against all available data.

SHEIAC SHAE AARA MG

Fig. 2—Specific volume as a function of surface area in the
activation of a coal-based char.

dom; and Aw is the surface area in square meters
per gram furnished by any given type of pore.
More complicated forms that are not restricted
with regard to crystallite size and density are given
in Appendix A.

Application of the Model.—To test the validity
of the quantitative treatment and thus, indirectly,
of the proposed model, an attempt was made to
check the agreement of the equations with experi-
mental data. Because of the lack of adequate
data on pore distribution, only eq. | through 1V
can be tested. A general function, A{d), relating
surface area to micropore density, obtained by
eliminating / between equations Ill and IV, has
been compared with all available experimental
values. The less-restricted relationship, A (d/dc,L),
obtained by combining eq. | and Il, has been

w . FuWoIff
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checked with data for a coal-based carbon and a
coconut charcoal.

Check of A(d).—To check the function A(d),
experimental values for the surface areas and
micropore densities of representative carbons were
used. All readily available data from which these
values could be determined, or estimated, are com-
piled in Table I; all types of active carbons and
chars are included. These data are superimposed
on a plot of A(d) in Fig. 1. Values for the active
carbons from nutshells and coal are indicated as
circles; values for other materials, by squares.
The good agreement between experimental and
predicted values gives strong support to the pro-
posed mathematical model, despite the approxima-
tions made in developing it.

Check of A(d/dc,L) with a Coal-based Carbon.—
To check the validity of these approximations, the
more rigorous function, A{d/dal), has been tested
with published data for a coal-based char and
steam-activated carbons prepared from this char.6
In order to use the function, two properties of the
char must be determined. One is the density dc
of the graphitic regions. The other is the average
number L of graphitic planes in a stack.

The value of dt can be calculated from data given
for the apparent densities of the carbons measured
in helium. The reciprocals of these densities—the
specific volumes in helium—for the char and the ac-
tive carbons are plotted in Fig. 2 against their sur-
face areas. An essentially linear relationship holds
for all points representing the active carbons. The
regular and gradual change in specific volume with
surface area probably is due to concentration of
the inorganic content in the active carbon, the
formation of isolated graphitic planes and possibly
further graphitization. On the other hand, the
abrupt change in specific volume noted when the
char is first activated may be due to removal of hy-
drocarbon material bounding the graphitic parti-
cles.

By extrapolating the linear portion of the curve
back to the surface area of the char, the specific
volume in helium of the unactivated graphitic
regions, 1/dc, is obtained. The corresponding
density value, 2.01 g./cc., differs substantially from
the 2.26 g./cc. of graphite, assumed in the deriva-
tion of equation 1V.

The theoretical external surface area E of the
graphitic particles is given by the first term in eq. |

2618(3 - 2f)
L1 -/)
Upon substituting the surface area of the char for E
and setting / equal to zero, one can solve for L, the
number of planes in an unactivated graphitic stack.
A value of 49 is obtained.

This value and the extrapolated dOvalue can be
used to relate the surface area of the carbon to the
micropore density through the function A{d/d<s,L).
Figure 3 shows the resulting relationship, A(d/2.01,
49) and the experimentally determined points for
the active carbons. Good agreement is obtained
between experiment and theory.

Check of A(d/dc,L) with a Coconut Charcoal.—
Equations | and Il were also tested with datal2on
the steam activation of a coconut char. Although

(Vi
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data for the unactivated char were not given, ap-
parent densities in helium for varying degrees of
activation were included. The corresponding
specific volumes in helium were plotted against
surface area. Just as in the case of the coal-based
char, a linear relationship was obtained, although
slope and intercepts were different.

The apparent density of the char in helium dc is
obtained with little error from the extrapolated in-
tercept. Substituting this value, dc = 1.89 g./cc.,
into equation Il gives an equation that, with eq. I,
produces a family of curves relating surface area to
micropore density as a function of L. When L =
40, good agreement between experiment and theory
is obtained, as shown in Fig. 4.

Opportunity to check the validity of these results
is afforded by an estimateI’that the coconut-based
carbons were activated from “an 80%-yield to a
50%-yield charcoal.” Assuming that the fraction
of carbon consumed and the fraction of planes re-
moved are equivalent, these “yields” correspond to
values of/ = 0.2 for the least-activated carbon and
/ = 0.5 for the most activated material. The /
values calculated by eq. I, from the surface area
and the above L and dcvalues, are/ = 0.27 and/ =
0.48, respectively. The agreement seems satis-
factory.

Discussion

The values of L calculated for both the coal- and
coconut-based carbons correspond to stacks of
graphitic layers about 150 A. in height. If the
heights and widths of the stacks are equal, the
plane diameter, the average distance across the
layers, will also be about 150 A. On the other
hand, plane diameters estimated for active carbons
by X-ray techniques and from carbon:hydrogen
ratios generally range from 20 to 50 A.4 The ap-
parent discrepancy can be resolved by assuming
that the large particle sizes calculated from the
surface areas of chars correspond to aggregated
stacks of planes. A heterogeneous particle of this
type would not be expected to behave much differ-
ently than a homogeneous stack.

The mathematical treatment presented doesn’t
make allowances for the presence of ash or the dis-
tribution of particle sizes and shapes. Corrections
for the ash content can be made by modifying the
value for the density of the char. On the other
hand, such a mathematical model probably cannot
be applied to extreme activations, where most of
the particle is eaten away and mechanical collapse
occurs.

The success of the model in fitting the experi-
mental evidence is a necessary but not a sufficient
condition for establishing the validity of the ac-
tivation mechanism. Other mathematical models
based on a random distribution of pore sizes might
also give satisfactory correlations between surface
area and density. Such has been found to be the
case for models with a Gaussian distribution of
pore widths in a layer-type structure. These mod-
els are less satisfactory, however, in that they re-
quire the use of arbitrary constants and are not as
consistent with experimental evidence.

Acknowledgment.—The author is grateful to
G. S. John for helpful comments and suggestions
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RECIPROCAL OF WICROFORE DENSITY,CC./0.

Fig. 3.—A(d/2.01, 49) plotted against literature data.

Fig. 4—A(d/1.89, 40) plotted against literature data.
on the development of the mathematical aspects
of this work.

Appendix A
Derivation of Equation I.—Assume the unacti-
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vated char is made up of graphitic cubes contain-
ing L planes each and with an interplanar distance
of hc (in angstroms). Each cube has a surface

W. F. Wolff
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because the smallest pores can only accept one layer
of adsorbate molecules. Combining (A15) and
(A16)

area, furnished by the faces of the cube, of r /1 \1
alD = 6(W). (AD = {KLYP't1l+ 2Gv - VJ (M7)
With activation, however, this external surface area Combining (A4) and (A7) and setting W = 1
L_(L-2)yr 1
FL= - 0 (C- 20 @L- 3 LLomo -y (AL8)
I(fL - 1) (fL —2)\* il 1
varies with the fraction/of planes removed and
cec = 2(h6L)2+ (l —/)4(fCCL)2 (AZ) /) _ fL J + UL 1)(JL - 2)
= 2(Ud23 - 2) (A3) NV =1 %1 C—2w- 23"
The number A" of planes removed is (fL - 1)UL - 2{fL - 3) (A19)
X = Lf (A4) L- 2L - 3L - 9
On random removal of X planes from a stack of Which combined with (A 17) gives
L planes, the fraction of planes removed that con- fL- 1
tribute to the formation of crevices W planes wide is @€ — (hcL)®P li+2[L- 2+
fy . WL W DIE - X)L - X - (X - 1)t (fL- DUA - A + (IL- YL —2)(L - 3)
L\(X - W)\ L-2(@L 3 (L- 2)(L - 3)(L - 9 -1i
(A5) (A20)
forL > X > W > 0, and However
FO= (A6) fL -1 _/L- 1 (/L- 1)(/L- 2
L-X+1 L-/A L-27 (L-2)(L- 3
forL > X > W = 0. -3) A21
If Fiv'is the fraction of all crevices W planes wide (L - 2)(L - 3)(L 4) (A21)
cer (L —W —D)r 1
M= T e m- 2) @z - 3) LA, (A7)
LX- D+ (X - 2. 1 1
The number of pores Pi in the graphite cube that Equation A21 combined with (A20) gi"ve's
are only one plane wide is
Pi= F, X | (A8) we - [MiAT] (A22)
or or, when combined with (All)
Pi = FiLf (A9) (hL)*f(L - fLL-_\l)(L +fL - 2 (A23)
Combining (A4) and (A5) and solving for IF = 1,
gives The total surface area of the cube acwill be
= due = A24
Fi = (A10) ac ue = ape (A24)
or
and combining (A10) and (A9), yields ac = 2(Md23 - 2/) +
I\ -f)(L -fL —1) (hLFf(L - fL - (L + fL - 2) (A25)
Pl (LAT) (A12) L- 1
The number of pores, P > 1, more than one combining eq. A23 and A24. The area in square
plane wide is meters is
P>i = Pt - Pi (A12) = z(hd—)ig" % 4
where Pt is the total number cf pores formed. (hj:rf(L - fL - 1)L + fL - 2)

However

- (A13)
therefore
P> =g om (A14)
or
P>i (h - o0 (A15)

The contribution of the pores in the cube to its
total surface area is

ape = (haLyP, + 2(KLyP>x (Al6)

(i - (109 (A26)

The interplanar distance hcin the original graph-
itic cube is inversely proportional to its density de.
Relating these values to the corresponding values
for graphite

h 2.26

338 q, (A27)

The weight, in grams, of the graphitic cube after
activation is

IFn  de(1-f)(KLY x 10-« (A28)

and the specific surface area of the cube A is given
by
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A (A29)
By combining (A26) and (A28) with (A29), the spe-
cific surface area A in square meters per gram, is
obtained
, =233 - ) x 104
deha(1-f) +

HL —fL — 1)(£ +/L 2) X 104
dehel(L - (1 - /) (A30)
or, when combined with (A27)
_ 261833 - 2/) , 1309/(L —fL — I)(L + fL —2)
c(1-1) + L(L — 1)1 —/)
U
Appendix B

Derivation of Equation I1.—On removing a cer-

tain number X of planes from the graphite cube, a
certain fraction FO of those removed will be re-
moved from the top and bottom of the cube and
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2Lf
(L~L- Lf+
The density of this cube will be

d=2Zp

Feu heHI X 1024 (B4)

Feu (B5)
Upon combining (A28) and (B4) with (B5)
= -
d v (B6)
Lf+ 1
which reduces to the form
_<LL(1-/)2+ (@1 - .Ql
d= "W+ - ih+ 2y an
Appendix C

Derivation of Equations Ill, IV and V.—Equa-
tion 111 is obtained by calculation of the limit, as
L approaches infinity, of eq. |

thus will decrease the volume of the .cube. Then Equation IV is similarly obtained from eq. II,
the height Hx of the reduced cube will be with the additional substitution of the density of
_ graphite for do.
Hx =L TR (kL) (B In deriving eq. V, eq. A7 is solved for W =
or, when combined with (A4) and (A6) 1, 2, 3, etc. The limit as L approaches infinity is
' determined in each case, to obtain
- O - L - ) % ) LimFi'=1-/ (cn
. Lim FY = f(l - f) (C2)
The volume of the cube will be Lirm Fi = PC - f) -
TG = (1 ~ Z—L f+ i) h'L3 (B3) or, in general
or, in cc. ™ = Il_—lnbéB/V = Fyv-1(l - /) )

SALTING EFFECTS IN THE SOLVENT EXTRACTION
BEHAVIOR OF INORGANIC COMPOUNDS1

By R. M. Diamond2

Department of Chemistry and Laboratory for Nuclear Studies, Cornell University, Ithaca, New York
Received July 9, 1958

The variation in the distribution ratio for tracer indium(l11) distributing between an oxygenated organic solvent3and
aqueous solutions of hydrochloric acid in which the concentration of HC1 was varied while keeping the initial ionic strength
constant with various chloride salts4was studied as a model system for the extraction behavior of ionic species under these
conditions. It is seen that the extraction of acid species plays a somewhat unique role due to the special ability of the
hydronium ion to hydrogen-bond water molecules in first shell solvation and to enhance further coordination with the sol-
vent molecules. In such acid extractions, the coordinating ability of the organic solvent, determined by its basicity and
the steric availability of the donor atom, and not the solvent's dielectric constant, is of paramount importance. In con-
trast, the extraction of large, relatively unhydrated salt species, such as N(C2H64+InCl4~, depends primarily on the dielec-
tric constant of the organic solvent and not on its coordinating ability. With solvents of high dielectric constant, i.e.,
nitrobenzene, the extraction of ionic species increases with increasing size of the ions. With solvents of low dielectric con-
stant but good coordinating ability, such as diethyl ether, the extraction of hydrated cations decreases with increasing
crystallographic size, exactly the reverse order. The variations in the extraction of the indium tracer with replacement of
the aqueous HC1 by the different salt chlorides are explained on the basis of (1) the creation of new extracting species involv-
ing an added ion and the ion of interest; (2) the creation of new extracting species not involving the ion of interest, but
repressing the latter’s extraction; (3) a change in the relative proportion of the extractable species in the aqueous phase;
(4) a change in the nature of the agueous phase with changing water activity and dielectric constant.

proper choice of salt and conditions, may greatly
enhance the extraction. The present paper is an
attempt to study the factors involved in such*ex-
traction of inorganic species and to explain the dif-

The use of “salting” agents in solvent extraction
is now a well established practice5-8 and, with the

(1) Work supported in part by the U. S. Atomic Energy Commission.

(2) Radiation Laboratory, University of California, Berkeley 4,
California.

(3) Solvents used were diethyl, bu~yl ethyl and /S./S'-dichlorodiethyl
ethers, methyl isobutyl and diisobutyl ketones, dibutyl phthalate,
tributyl phosphate, methyl benzoate, methyl salicylate, o- and Ti-
nitrotoluenes, nitrobenzene and 2-ethylhexanol.

(4) Salts used were lithium, sodium, potassium, ammonium, cesium,
tetramethyl and tetraethyl ammonium chloride.

(5) fa) F. Hecht and A. Grunwald, Mikrochemie ver. Mikrochim.
Acta, 30, 279 (1942); (b) N. H. Furman,J” JAMund~/~andAAJLA
Morrison, U. S. A DmuTTTnergy 'JomrnissTolT heportT4"ECD-29387

(6) R. Bock an< E. Bock, Z. cMorg. Chem,, 263, 146719301.

(7) G. H. Morr 3gUﬂUfIM iR<3IIW tilfn ctm

(8) L. Garwin aid A. N. Hixson, Ind. E$lg. Chem., 41, 2303 (1949).
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Fig. 1—Log D vs. log [HC1] for diethyl ether, the chloride
ion concentration held constant with: LiCl#—e; NacCl,
0—0; KC1, a—a; NHAL, m—m; CsCIl, O0—0O; N(CH34CL,
A—A; N(CHEACL X—X. Initially, 10 ml. of ether to 5
ml. of aqueous solution.

feren-t 4y-pes*of -behasnoi:___The-ad.di.lion of the salt-
ing agent may act in several ways, i.el, (1) create a
new” bxfracting spFeid+inyalvirig:the 4dded ion and
the ion of interest; ‘(2) create a new extracting spe-

R. M. D iamonad
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cies not involving the ion of interest, but repressing
the latter's extraction; (3) change the relative pro-
portion of extractable species in the aqueous phase;
(4) change the nature of the aqueous phase by
changing the water activity and the dielectric con-
stant of that phase.

Since all four factors may be involved when re-
placing hydrogen ion with some other cation in a
halometallic acid extraction system, one such fam-
ily of systems, indium(l11) chloride-aqueous HC1-
organic solvent, was studied in detail. Fragmen-
tary work with iron(l11) chloride and molybdenum-
(V1) chloride gave the same results and strongly in-
dicated that the behavior to be described, and the
explanations, hold for all the halometallic acid ex-
traction systems, and the similar thiocyanate salt
systems.9 The first two factors mentioned above
are treated explicitly in the general equations de-
rived earlier (Case 4, paper 111) and given below,
but the last two factors cannot be so readily han-
dled and must be considered as causing a variation,
predictable as to direction, in the concentration
“constants” of the equations.

Experimental

Tracer and Reagents.—The radioactive indium tracer
used, 49 day In ¥ was obtained from Union Carbide Nu-
clear Co., Oak Ridge, Tennessee. Counting was done with
a well-type Nal scintillation counter whose pulses were se-
lectively discriminated by a single channel analyzer. No
radioactive impurity in the tracer could be detected during
the course of the work.

Reagent grade diethyl ether and C.p. butyl ethyl and di-
butyl ethers, methyl isobutyl ketone, dibutyl phthalate,
methyl benzoate, methyl salicylate, o- and »-..-nitrotoluenes,
nitrobenzene, o-dichlorobenzene and practical grade 2-
ethylhexanol and diisobutyl ketone were used without fur-
ther treatment. C.p. /3,Ei'-dichlorodiethyl ether was dis-
tilled under reduced pressure and a colorless, two-degree
cut taken. C.p. tributyl phosphate had low-boiling im-
purities steam distilled off, was washed with sodium hy-
droxide, water, and then dried over MgS04u Reagent
grade hydrochloric acid, lithium chloride, sodium chloride,
ammonium chloride and potassium chloride were used with-
out further purification, except filtering, as were 99+ %
pure cesium chloride, tetramethylammonium and tetra-
ethylammonium chloride.

Procedure.—The procedure for the distribution experi-
ments was the same as described previously in paper 111.2
The measurements were performed at 21 + 1° with initially
equal volumes of organic and aqueous solutions.13 Duplicate
trials showed that when D was in the range 0.001 to 100,
reproducibility was usually 10% or better; exceptional
cases showed differences as large as 30%. When D was less
than 0.001, the reproducibility was correspondingly poorer.
Centrifugation was used to speed up phase separation with
the nitrobenzene, o- and m-nitrotoluene, methyl benzoate,
methyl salicylate and /3,/3'-dichlorodiethyl ether systems.

Results and Discussion

For indium (I11) chloride extractions from aque-
ous hydrochloric acid solutions containing another
univalent cation, symbolized by A+, the following
species must be considered. Aqueous phase:
In+++, InCl++, InCI*+, INnCI3 InCh", H+, A+, Cl-,

(9) A discnssion of one such thiocyanate system, the cobalt thio-
cyanate system, is to be published by R. Watkins, G. Welt and R. M.
Diamond.

(10) R. M. Diamond, T his Journal, 61, 69 (1957).

(11) The author wishes to thank Dr. D. G. Tuck for the purified
tributyl phosphate.

(12) R. M. Diamond, T his Journat, 61, 75 (1957).

(13) When using diethyl ether, two volumes were taken per volume
of aqueous solution because of the solubility of the ether in the aqueous
acid.
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Organic phase: InCl4*, 11+, A+, CI“, lI+InCU*,
H+Cl-, A+C1*, and still larger ion associations.#&
H+InCU“, A+InCl4‘, H+CI* and A+C1l~ represent
ion-pairs in the organic solvent, and also true mo-
lecular species if they exist, i.e., HCL1.

The extraction behavior of a substance is most
easily measured in terms of the distribution ratio

_ concn. of substance in organic phase
concn. of substance in aqueous phase

In the present case
(InCh)o + (HInCUIlo + (AInCIQ,

(In) + (InCl) + (InClj) - (InCl) + (InCh) tj
where ( )o and ( ) represent the concentrations of
the enclosed species in the organic and aqueous
phases, respectively, and charges have been omit-
ted for simplicity. By means of equilibrium rela-
tions given in paper I1,16and for the case where in-
dium is present in only trace amounts, this becomes

y—

vV U1HCI

Since the experimental data are most easily pre-
sented in plots of log D vs. log [HC1], with [HC1] =
(H) in the mixed acid-sab solution of constant
ionic strength, the logarithmic derivative of equa-
tion 1', subject to the condition (H) -f (A) = (CI)
= constant, yields

d log D alog D (H) 51log D
dlog [HC1] 0 log (H) (A) 0 log (A)
J AIroU

19}) «Ad(H) —«hci(H)
@

. Jeen L 1A "\—\JH\nCU
aiH CI(-ti) + ~otaci(A)
where f° represents the fraction of indium in the or-
ganic phase in the form of the indicated species.

The experimental results are given in Figs. 1-10
as plots of log D vs. log [HC1] for initial ionic
strengths of 2.0, 5.0 and 12.6 m.®6 The value of
[HC1] was varied from that of the total ionic
strength (pure acid) down to about 10-20% of the
ionic strength by replacement with various alkali
and substituted ammonium chlorides. Three fea-
tures stand out from these (and related) experi-
ments. They are: (l) the special ease of extrac-
tion of acid species compared to the corresponding
alkali metal salts; (2) the order of extraction from
mixed acid-alkali chloride solutions into basic oxy-
genated solvents decreases from lithium to cesium
chloride; (3) that with weakly basic, high dielectric
constant solvents, extraction increases from CsCl,
NMe4Cl and NEt4CI solutions in that order, and the
value of D may become much larger than with the
pure HC1 solution alone.

The special extractability of (strong) acid species
is reflected in the fact that IiCl and the complex

(H)

(14) Larger ion associations involving more than one InCL” ion
were most unlikely in the present study as the indium concentration
was ~3 X 10~-8M.

(15) The necessary equations are: «isCI(H)(ClI) = (H)©(Cl)o,
aHINCU(H)(InCl4) = (HJodnCDo, ¢AC!(A)(C1) = (A)o(Cl)o, «AINnCbCA)
(InCb) = (A)o(InCl4)o, <5HINCI4(FOo(InCl4)o = (HInCDo, SAINCU(A)o
(InCL)o = (AInCU)o, and (A)o + (H)o = (Cl)o + (InCDo.

(16) The concentrated CsCl solution used was 10.0 m, so that the
experiments done with it were not at a constant initial ionic strength.
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metal acids extract much better (by orders of mag-
nitude) into most oxygenated (basic) solvents from
aqueous solutions than do the corresponding alkali
at the same concentration. Even when a mixed
aqueous acid-salt solution is predominantly the
latter, the extracting species is almost exclusively
the acid. The origin of the difference in extracta-
bility of the hydrogen ion and of the alkali cations is
likely a difference in the structure of the hydrated
species. Because water molecules are so much
smaller than the organic solvent molecules involved,
more water dipoles than organic molecules can pack
around a cation to form its primaryX solvation
shell. Each water-ion interaction is also usually
stronger than an ion-organic molecule interaction,
and so the energy of first shell solvation by water is
greater than that with the oxygenated organic sol-
vents. This means that to extract into the solvent
without great loss of solvation energy, the cation

(INCh) -*/- HOA— "tHnAC™ A+ HINCL SinnCli(H)(INCh) +  aAIndli SAINCIffApInCli)
4
E
¢=0

(InCl,)

must carry its primary water shell with it, and then
in the organic phase undergo further solvation of
this hydrated species by the organic molecules. Evi-

Fig. 3'—Log D X 10~3vs. log [HC1] for tributyl phos-
phate —------ ; log dvs. log [HC1] for dibutyl phthalate
See Fig. 1for meaning of symbols.

dence is increasing that the H® + ion in water has
three water molecules hydrogen-bonded to it as a
primary hydration shell18* 21 of pyramidal structure,
i.e.

(17) In this paper, primary solvation means coordinative solvation,
that is, solvation involving bonding, directly to the ion, and secondary
solvation means that involving bonding to this primary unit and non-
specific, electrostatic solvation, that from orienting and polarizing sol-
vent molecules not bonded to the charged species.

(18) E. Glueckauf, Trans. Faraday Soc., 51, 1235 (1955).

(19) K. N. Bascombe and R. P. Bell, Disc. Faraday Soc., 24, 158
(1957).

(20) E. Wicke, M. Eigen and T. Ackermann, Z. physik. Chem., 1,
340 (1954).

(21) D.G. Tuck and R. M. Diamond, Proc. Chem. Soc., 236 (1958).
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H
(0]

I

H

0+
HH

lio* OH
H H

These waters are bound more strongly than might
be expected from the size of the hydronium ion (sim-
ilar to potassium ion), because the positive charge
of the H3® + is not distributed over the surface of
the ion, butis concentrated on the three hydrogens,
making for strong hydrogen-bonds to the three wa-
ter molecules. This hydrated structure is further

Fig. 4.—Log D vs. log [HC1] for methyl benzoate--------- ;
for methyl salicylate--------- . See Fig. 1 for meaning of
symbols.

solvated either by more water molecules or by the
basic organic molecules, the oxygen (or nitrogen) of
the solvent molecule bonding to the first shell water
molecule through one of the latter’'s hydrogens.2
This secondary solvation is more favorable for
H3 + than for any other small cation, since the

(22) Extraction of either the complex metal acids or of simple

mineral acids is negligible without a basic oxygen or nitrogen in the
solvent molecule, that is, without an electron donating group. And
actual coordination must be involved rather than a dipole interaction
of the solvent, as o-dichlorobenzene (dielectric constant = 9.93 at
25°), shows negligible acid extraction compared to diethyl ether
(dielectric constant = 4.34 at 25°). Furthermore, there is a poor
eorrelation between the degree of extraction of an acid and the di-
electric constant of the solvent, except in a series of similar solvents
of a particular class, such as the aliphatic ethers, methyl ketones, etc.,
but a better one with combined basicity and steric availability of the
donor group. With very basic solvents and only moderately strong
acids, the solvent may displace water from the first hydration shell,
cf. ref. 21.
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log [HCI]
Fig. 5.—Log D vs. log [HCI] for methyl isobutyl ketone
at 5.0 mionic strength--------- ,at 2.0 mionic strength--------- .

See Fig. 1for meaning of symbols.
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log [HCI].

Fig. 7—Log D vs. log [HCI] for 0,/3-dichlorodiethyl ether
See Fig. 6 for meanirg of symbols.

positive charge concentrated on the (inner) hydro-
nium hydrogens can shift to the (outer) hydration
water hydrogens by the vibration jump mechanism
responsible for the high equivalent conductivity of
H+ in water.23 That is, one of the inner protons
can jump over to one of the hydration shell waters,
leading to a structure

H
OH
H
0
H H
Ho! H+OH
H H

in which the hydration shell water becomes, tem-
porarily, the hydronium ion, and now the hydro-
gens of this molecule, carrying a partial positive
charge, can hydrogen-bond more strongly the basic
oxygen of the solvent molecule than the less polar-
ized water molecule in the hydration shell of, say, a
lithium cation. The structure shown above is, of
course, only one of three equivalent forms with the
positive charge concentrated in turn on each of the
hydration shell waters. This proton jump mech-
anism obviously cannot occur with the alkali or
other cations, and so is unique with the H3 + ion
and its hydration shell. Along with the stronger
first shell hydration already mentioned, this
stronger solvent binding should contribute to a
larger solvation energy in the organic phase for the

(23) (a) E. Hiickel, Z. Elektrochem., 34, 540 (1928);
Bernal and R. H. Fowler, J. Chem, Phys.t 1, 515 (1933).

(b) J. D.

Solvent Extraction

663

of Inorganic Compounds

Fig. 8.—Log D vs. log [HCI] for m-nitrotoluene--------- ,
for o-nitrotoluene--------- . The curve fer m-nitrotoluene
and NaCl-HCI is the same as that for o-nitrotoluene and
LiCI-HCI except that the value of D in 5.0 m HCI is some-
what higher for the viela than for the ortho isomer. With
the same proviso, the curves for the alkyl ammonium salts

appear to be the same for the two isomers. See Fig. 6 for
meaning of symbols.
acids than for salts of the same anion. It is sug-

gested that these are the reasons for the much larger
extractability of the acids (of the complex metal an-
ions, as well as of the simpler anions such as Cl~,
Br~, CIOi-, etc.) than of the corresponding alkali
metal salts. 2

Since for most of the solvents used in this work,
the alkali metal cations have a negligible distribu-
tion ratio compared to that of the hydronium ion,
the substitution of alkali chloride for aqueous HCI,
at constant ionic strength, should decrease the
value of D for any strong acid present and, in par-
ticular, for trace amounts of HInCh. That is, in
eq. 1 the third term is negligible and the second de-
creases with decreasing H+. But Figs. 1-10 show
that there is considerable variation in the amount of
decrease in D, depending upon the nature of the
alkali salt. This is mainly due to a variation in the
aqueous phase structure and water activity (factor
4). For the different cations tie up in hydration
differing amounts of water, and the smaller the de-
gree of hydration of the salt, the higher the dielectric
constant and the water activity of the solution, and
the lower the concentration of the solute, effec-

(24) The situation can be somewhat different with very basic sol-

vents, such as tributyl phosphate, which under certain conditions can
displace a primary shell water molecule.
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Fig. 9—Log D vs. log [HC1] for nitrobenzene.
for meaning of symbols.

See Fig. 6

tively. Hence, due to the possibility of more com-
plete solvation, the more inviting the aqueous solu-
tion becomes for the trace ionic species, and so the
smaller the tendency to transfer into the organic
phase and the lower the value of the distribution
ratio. The order of hydration for the alkali cations
is (HO+) « Li+ > Na+ > K+ » NH4+> Cs+, as
is indicated by the water activity of the halide salts,
and by the limiting equivalent conductivities of
the ions. Thus, the salting in, the lowering of the
distribution ratio of the species of interest (HINCU
in the present paper) should increase as one goes
from lithium to cesium chloride, and should in-
crease with the amount of salt replacing the acid,®
just as is observed in Figs. 1-10. Actually, the
salting in cannot be due solely to the change in wai-
ter activity, as then the limiting case would be the
replac'ement of acid solution by pure water. That
is, replacement of acid by an alkali salt should al-
ways lead to a value of D higher than that from a
pure acid solution containing the same concentra-

(25) R. A. Robinson and R. H. Stokes, “Electrolyte Solutions,”
Appendices 6.1 and 8.10, Butterworths Scientific Publications, Lon-
don, 1955.

(26) The activity coefficient of HC1 in alkali chloride-hydrochloric
acid mixtures behaves in this fashion; it is essentially constant in
LiCI-HCI mixtures (slight increase with LiCl at ionic strengths above
3 M), ami decreases with decreasing HC1 in NaCI-HCI, KC1-HC1
and CsCI-HCI mixtures at constant ionic strength, the decrease
becoming more marked in that salt order, cf. J. E. Hawkins, J. Am.

Chem. Soc., 54, 4480 (1932), and H. S. Harned and 0. E. Schupp,
ibid.. 52, 3892 (1930).
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Fig. 10.—Log D vs. log [HC1] for 2-ethylhexanol.
for meaning of symbols.

See Fig. 6

tion of acid as the mixed acid-salt solution, and this
is not true experimentally. For example, extrac-
tion into diethyl ether from 3.5 m HC1-1.5 m CsCl
gives adistribution ratio for H11:Cls about one-tenth
as large asfrom 3.5 mH d alone. The presence of
the CsCI represses the extraction, and this must be
an aqueous phase effect as the same species, HIn-
Ch, extracts in either case, and this behavior is ob-
served with most of the solvents used. Such salt-
ing in by large univalent ions is well known as a salt
effect in the distribution of non-electrolytes.Z It
must depend upon the changes in the water struc-
ture caused by the large ions, and possibly upon a
guasi-lattice structure of the ions themselves in such
concentrated solutions, but a satisfactory explana-
tion has not been given.

In the extraction of metal complex ions, the na-
ture of the cation present in macro amounts also
has an effect through its influence on the formation
of the complex. Since the latter process consists
of the replacement of first shell water molecules by
anions, the increased water activity in going from
lithium to cesium solutions hinders the formation
of the complex and so tends to lower D in that order
for complex extracting species. This should be
most important at the lower chloride concentrations
where formation of the complex is least complete.

There is also an effect due to the dielectric con-
stant of the solvent. With low dielectric constant
solvents, ion-paired indium(l1l) species predomi-
nate so that the (Ind4-)o term in eq. 1becomes van-
ishingly small, and d log D/d log [Hd] « +1.
But with solvents of higher dielectric constant, such

(27) F. A. Long and W, F, McDevit, Chem. Revs., 51, 119 (1952),
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as methyl isobutyl and diisobutyl ketones, ion-
paired species in the organic phase may partly dis-
sociate, and then the first term must be kept. For
the non-extracting alkali salts, eq. 2 simplifies to d
log D/d log [HC1] ~ ‘A /*mar + /[°HInC]f Be-
cause of the presence of the term for InCl4~ which
decreases with decreasing [HC1] as [HCI]1j, the
plots of log D vs. log [HC1] for the ketones should
show smaller slopes than the corresponding ones for
the ethers, and they do, compare Figs. 1and 2 with
Figs. 3 and 4. Note particularly the plots for Li-
C1-HC1.

There are, however, conditions under which the
substitution of an alkali salt for the corresponding
acid increases the distribution ratio of the species of
interest rather than decreasing it. For example,
this will be true with very basic solvents which
extract and coordinate with the acid, but not with
the salts, so readily as to reduce the “free” solvent
concentration significantly. The progressive re-
placement of acid by alkali salt in the aqueous
phase, at constant ionic strength, decreases the acid
concentration in the organic phase and frees solvent
molecules, resulting in an increase in D for non-
acidic, but solvent coordinating species. This is
certainly a major factor in the increased extraction
of Uo2(Nos)2 into tributyl phosphate from mixed
LiINO3HNO3 solutions over that from HNO3
alone,Band is probably an important factor in the
salting out of UO2NO0326 and Th(N034% into di-
ethyl ether from HN 03solutions by nitrate salts.®
This is probably also a reason why the extraction of
HINCl4 from mixed HCI-LiCl solutions at high
(12.6 m) aqueous ionic strength remains essentially
constant down to [HC1] « 3 m into methyl benzo-
ate (Fig. 4) and diisobutyl ketone (Fig. 6), and even
increases at first, into 2-ethylhexanol (Fig. 10).

A related type of effect may occur with small
basic solvent molecules which can dissolve readily
in the aqueous phase. For example, the great solu-
bility of the diethyl ether molecule (and to a lesser
extent, that of diisopropyl ether) in concentrated
aqueous hydrohalic acids so dilutes the aqueous
phase that the equilibrium acid concentration there
does not increase with increasing initial acid con-
centration above about 7 M. As a result, the ex-
traction of a metal complex acid present as a micro-
component passes through a maximum and then
decreases beyond a certain initial acid concentra-
tion.30B8L The use of mixed salt-acid solutions, such

(28) E. Hesford and I1. A. C. McKay, Trans. Faraday Soc., 54, 573
(1958).

(29) Most likely the anomalous order Bock and Bock found for
the salting out of Th(NC>3)4 into diethyl ether with various alkali
metal and alkaline earth nitrates is due to the fact that they used
saturated solutions of the different nitrates and so had very different
nitrate molalities in each system. If the values of D for thorium
nitrate extraction from the different nitrate solutions would be com-
pared at the same nitrate molality, they very likely would show a
regular decrease in the order Li > Na > K > Rb > Cs and Mg >
Ca > Sr > Br, for the reasons given above.

(30) (a) D. E. Metzler and R. J. Meyers, J. Am. Chem. Soc., 72,
3776 (1950); (b) D. E. Campbell, Ph.D. Dissertation, Rensselaer
Polytechnic Institute, 1952; (c) I. Nelidow and R. M. Diamond, T his
Journat, 59, 710 (1955).

(31) The maximum comes at a higher HC1 concentration with the
larger, less soluble diisopropyl ether molecules. With HBr, and even
more so with HI, the maximum occurs earlier than with HC1 for both
of the ethers, cf. H. M. Irving and F. J. C. Rossotti, Analyst, 77, 801
(1952).
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as LiCI-HCI, decreases markedly the solubility'of
ether in the aqueous phase (another example of
the better coordination of the hydrated hydrogen
ion than of lithium ion with basic organic solvents),
increasing the aqueous phase concentration (and
ether phase volume), and leads to increasing, some-
times to quite high, values of the distribution ratio
of the species of interest with increasing salt substi-
tution. An illustration is the extraction of HInCl4
into diethyl ether from LiCI-HCI solutions at 12.6
m ionic strength, Fig. 1. With the acid alone, (10
M) the greater part of the ether dissolves in the
aqueous phase. This reduces the aqueous FICl
molarity almost by half, while, concurrently, the
ether phase becomes so concentrated in HC1 that
the extraction of other species is repressed by the
proportion of solvent molecules already coordi-
nated. Upon substituting LiCl for HC1, the ether is
forced back out of the aqueous phase, increasing
the ionic concentration there, and so the value of D
shows an actual increase with initial substitution by
LiCl, until the formation of a second ether phase at
30% LiCI-70% I1ICI.

The situation is somewhat different when consid-
ering extraction from aqueous HC1 solutions as the
hydrogen ion is replaced by a large, relatively un-
hydrated cation such as a tetra-substituted ammo-
nium cation. Such cations have small hydration
energies; they do not have a primary (coordinated)
hydration shell, and their large bulk displaces a
considerable volume of hydrogen-bonded water.
This leads to a tendency to be squeezed out of
the water structure. The limiting case would
be an uncharged non-hydrogen-bonding mole-
cule such as C(CH34 which forms a separate im-
miscible phase so as to maximize the water-water
bonding. When considering increasingly large
and relatively unhydrated ions such as N(C1134+,
N (C2H Q4+, etc., this behavior becomes important,
and salts of these ions are more soluble in the or-
ganic solvents than the corresponding alkali salts.
Van der Waals (dispersion) interactions between
the hydrocarbon parts of the ions and the organic
solvent molecules also help to contribute to the ex-
tractability of these ions. This affects the distri-
bution of InCl4™ (or other anion of interest) by the
creation of a new organic phase salt species con-
taining that ion, i.e., either dissociated or ion-
paired AInCL. In the expressions for D and d log
D/d log [HC1], equations 1' and 2, a term involving
A+ becomes important, and may, in fact, dominate
the expression. Furthermore, since the origin of
such sale extraction is due primarily to an aqueous
phase phenomenon, the disturbance of the water
structure, and not to coordination with organic
phase molecules, the extraction of such large rela-
tively unhydrated ions should be much less depend-
ent on the coordinating ability of the oxygenated
solvent than is the extraction of acid species. In
fact, extraction of the substituted ammonium salts
should also occur with non-basic (non-oxygenated)
solvents, in contrast to the case of the acids, and
this may be illustrated by comparing the values of
D for indium(l11) extraction into o-dichlorobenzene
from 5m IICI, D < 0.0004, and from 5 m N (CH5s)4
Cl; D = 0.008.
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On the other hand, the extraction of large unhy-
drated ions shows a better correlation with the di-
electric constant of the solvent. Such behavior is
most reasonable, as with the large ions there is no
primary solvation, so that the secondary electrosta-
tic (orientation) solvation energy, which depends
mainly upon the dielectric constant, (c/. the Born
equation) becomes dominant. For the large ions,
low dielectric constant media provide the least
(electrostatic) solvation energy, and the loss in
transferring from water with its high dielectric
constant to the solvent can only partly be compen-
sated for by the electrostatic energy of ion-pairing.
Thus, the value of the distribution ratio for such
species should increase with the dielectric constant
of the solvent. Furthermore, this effect should be-
come more important, the larger the ion, as then the
greater is the portion of its solvation energy due to
the secondary electrostatic solvation.

These effects are exactly what is observed experi-
mentally. Extraction of the tetramethyl and tet-
raethyl salts of InCh~ into the diethyl, butyl ethyl
and dibutyl ethers of low dielectric constant (4.34
at 20° and 3.06 at 25° for diethyl and dibutyl
ethers,2 respectively) is very low, and so for this
reason and because the substituted ammonium
salt solutions have higher water activities than the
acid solutions, the replacement of H+ by the am-
monium cation leads to a marked lowering in the
value of the distribution ratio of indium(lIl), Figs.
land 2.3

But with methyl benzoate and methyl salicylate,
solvents of somewhat higher dielectric constant and
of considerably less basic nature, the extraction of
the metal acid species is much poorer to start with,
and extraction of the substituted ammonium salts
may become quite important. In fact, for extrac-
tion from 5.0 m N(CZHH5C1-HC1 mixtures into
these esters, the value of D not only does not de-
crease with initially decreasing acid concentration,
but rises above that from 5.0 m I1CI alone, Fig. 4.

Methyl benzoate and methyl salicylate also fur-
nish interesting examples of the relative importance
of the coordinating power (combination of basicity
and steric availability of the basic oxygen or nitro-
gen) and of the dielectric constant of the solventin
determining the extraction efficiency of the solvent
toward acid and salt species. Methyl salicylate
has the higher dielectric constant, 9.41 at 30° com-
pared to 6.59 at 20° for methyl benzoate,2 but the
carbonyl oxygen of the former is blocked by in-
ternal chelation by the ortho phenol group. As a
result, methyl salicylate cannot coordinate as well
as the benzoate with the H)(H 2)3+ ion, and so
the extraction of HjOfTPOP+InCly™ (or other
acid3x) is poorer with it than with methyl benzoate
(by a factor of 10-50 for indium), and this will also
be true for extraction of HINCU from the mixed acid
chloride-alkali chloride solutions which show val-
ues of D decreasing in the expected order, LiCl to
CsClI, for both solvents. But use of the mixed al-
kyl ammonium chloride-HCI solutions leads to the

(32) A. A. Maryottand E. R. Smith, “Table of Dielectric Constants
of Pure Liquids,” National Bureau of Standards Circular 514, 1951.

(33) The values of D for indium (111) with dibutyl ether are too small
to be measured accurately, so HFeCL was used as the distributing
metal complex acid.
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extraction of salt species; i.e., N(CsllrODInCU-,
which do not involve actual solvent coordination.
The blocked or unblocked carbonyl group is not
important except that its presence in ,he molecule
furnishes a polar group and contributes to the di-
electric constant of the solvent. In fact, extraction
should be better into methyl salicylate with its
higher dielectric constant than into methyl benzo-
ate. And Fig. 4 shows that this is indeed true for
extraction from N(CZHBA4C1-HC1 solutions. The
replacement of only 10% of the acid by the tetra-
ethyl ammonium salt increases the value of D with
methyl salicylate about 30 times. In contrast,
methyl benzoate, whose D for indium from 5.0 m
HCL1 is almost 20 times larger than that of the sali-
cylate, shows an increase in D of only a few per cent,
with 10% replacement, of the acid by N(C2H§4Cu.
In this case, the extraction of the salt, N(C2H§4
INnCh, is almost balanced by the decreased extrac-
tion of the solvent coordinated acid, HInCl4

The ester tributyl phosphate does not show high
extractions with the substituted ammonium salts,
Fig. 3, and this is primarily due to its superior co-
ordinating ability with the hydrated hydrogen ion.
This solvent is the best acid extractant, used in the
present work; the value of T) even at 2.0 m HC1 is
greater than unity. Partly this is due to the basic-
ity of the P—0 group, partly to the steric availa-
bility of the oxygen of the group.

The ketones, methyl isobutyl and diisobutyl,
have somewhat higher dielectric constants than the
esters, but, like TBP, they coordinate with hy-
drated cations, particularly H+, too well to show
any increase in D with replacement of IICl by a
tetraalkyl ammonium salt. Again, this can be ex-
plained as due to a steric factor. The carbonyl
oxygen juts out and so is more available sterically
than the ether oxygen for the large H® (H 2 ) s+ spe-
cies, while the greater basicity of the ethers shows
up in coordination with smaller molecules such as
HC1, DD or CH3D.3%# This makes the ketonic
solvents more advantageous than perhaps has been
generally realized for the extraction of complex
metal acids.®

With /3,/3'-dichlorodicthyl ether, a solvent of still
higher dielectric constant, 21.2 at 20°,32and poorer
coordinating ability, the extraction of HTnCh from
mixed acid-tetra-substituted ammonium salt solu-
tions gives values of D higher than for extraction
from pure IICI itself. The terms involving A+ in
equations 1 and 2 have become dominant, and the
latter equation simplifies to

‘ «aci(H)
* 'APhci(H) + oaci(A)

With initial replacement of acid by alkyl ammonium
salt, a large increase in D can be predicted (d log
D/d log [HC1] « —ttAci/2«Hci, initially, with aAci
> «hcO- At 5.0 mionic strength, the value of D
with 20% N(C215)4C1-80% HC1 is just 10 times
that of 5.0 m IICI alone and the plot does, indeed,
show a very steep initial increase. With further re-
placement of IICI by the alkyl ammonium salt, the

(34) W. Gordy find S. C. Stanford, J. Chem. Phye., 9, 204 (1941):
9, 215 (1941).

(35) V. I. Kuznetsov, J. Gen. Chem. (U.S.S.R.), 17. 175 (1947);
cf., C. A., 42, 18e (1948).

d log D/d log [IICI] «
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value of D drops due to the increasing water activ-
ity of the aqueous phase (or decreasing activity co-
efficients of the aqueous ionic species) on substituting
the relatively unhydrated salt for the highly hy-
drated acid. At 12.6 mionic strength, water activ-
ity effects are much greater, and so the rapid in-
crease in water activity with the replacement of
HC1 by NfCILLCI compensates for, or prevents,
any marked initial increase in D, as occurs at 5.0 m.

With o- and m-nitrot.oluenes, Fig. 8, the still
higher dielectric constants 27.4 and 23.8 at 20°,2
respectively, help the extraction of the non-coordi-
nating alkyl ammonium ions still more relative to
that of the solvent coordinating H(.HD)3+, so
that from a 20% N(CZ2H§4C1~80% HC1 solution of
5.0 m ionic strength there is a 50-fold increase in D
over that from 5.0 m HC1. This yields a respect-
able extraction of indium(lll). The use of N-
(CH34C1 gives a smaller initial increase in D, about
a factor of 7, due to its smaller size, hence smaller
disturbance of the water structure.

With nitrobenzene, of still higher dielectric con-
stant, 34.8 at 30°,2the extraction of large ionic salt
species is still further enhanced, Fig. 9. In fact,
with nitrobenzene there is even an increase in D over
the value in pure HCL1 solution upon the initial re-
placement of HC1 by CsCIl at both 5.0 and 12.6 m
ionic strengths. Apparently even a pair of ions as
small as Cs+InCh- can achieve sufficient electro-
static solvation in nitrobenzene to be squeezed out
of the aqueous phase in preference to H) (H 2)34-
InCL-, a feat which is helped by the weak basicity
of nitrobenzene. It is the least basic of the sol-
vents used,3even appreciably less so than the nitro-
toluenes, and this is reflected in its lower value of
D for extraction of IHINnCU from 5.0 m HC1 than
that of the nitrotoluenes. With an unstructured
and non-coordinating (non-basic) solvent of high
dielectric constant, presumably all the alkali cat-
ions would show extraction in the order of increas-
ing (crystallographic) size, the reverse of the order
found with the low to moderate dielectric constant
solvents studied in this work. That is, since their
relative extraction order would be due to their in-
creasing water structure displacement and decreas-
ing loss of first shell and secondary solvation, it
would be in the order Cs4 > NH4+ > K+ > Na4 >
Li+. This is, in fact, the order found for the ex-
traction of the alkali perrhenates and reineckates®
and of the alkali polyiodides3from their own dilute
aqueous solutions into nitromethane, giving an al-
most complete reversal of the order of salt extrac-
tion from the quite basic, low dielectric constant
ethers to the not so basic but high dielectric con-

(36) H. L. Friedman and G. R. Haugen, J. Am. Chem. Soc., 76,

2060 (1954).
(37) R. Bock and T. Hoppe, Anal. Chim. Acta, 16, 406 (1957).
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stant nitromethane. The reason this reversal in
cation order does not show up completely with the
InCl4 extraction into nitrobenzene may well be
the partial dissociation of the complex anion into
non-extracting species in the other salt solutions
(Factor 3), and is being studied further.

The last solvent studied, 2-ethylhexanol, is rep-
resentative of the extraction behavior of ionic spe-
cies into alcohols. The latter are a special class
of solvents compared to those already described.
For they are hydroxylated solvents with a polar
group most similar to that of water; this group can
coordinately solvate either cations or anions, that
is, the oxygen can coordinate with cations and the
hydrogen can hydrogen-bond to anions. All the
other classes of solvents used can do only the former,
so that anions receive only secondary electrostatic
solvation. Since the anion of interest, InCU- , has
little primary solvation even in water, the ability
of 2-ethylhexanol to coordinate (hydrogen-bond)
with anions would seem of little direct importance.
But for smaller anions, such as CI-, which extract
relatively poorly into the other classes of solvents,
the solvation possible in the alcohol phase leads to
higher extraction, relative to large anion species,
than with other classes of solvents. As a result, the
extraction of HINnCl4 or of any other solvent-co-
ordinating species, from liCl solutions into 2-ethyl-
hexanol (or other alcohol), Fig. 10, is much lower
than might have been expected for such a basic
solvent, because the HCL1 ties up an appreciable por-
tion of the alcohol molecules and thus decreases
their availability for other extracting species.
(Also, the hydrogen-bonded alcohol structure,
though less complete than that of water, works
against the extraction of large ions, cations or an-
ion, in just the same way that the water structure
helps squeeze larger ions out into unstructured
solvents.) With 126 m HC1, so much acid ex-
tracts and coordinates solvent, that upon replace-
ment of the aqueous HC1 by LiCl, the freeing of
solvent molecules more than compensates for the
mass-action decrease in the value of D for IlInCU,
and so the D increases with increasing replacement
of HC1 by LiCl, at least up to 90% LiCI-10% HCL.
Eventually it must, and does, decrease when only
LilnCU is left to extract, as the salt extracts more
poorly than the acid. Similarly, the fact that HC1
extracts much better than CaCl2 into 2-octanol,
tying up more of the alcohol and decreasing the
amount of free solvent, is most likely the explana-
tion for the tapering off in the value of D for CoCI2
extracting from HC1 solutions of increasing acid
concentration, compared to the continued increase
in D for similar CoCl2extraction from CaCl2solu-
tions into 2-octanol, as noted by Garwin and Hix-
son.8
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Free energy data and related thermodynamic quantities have been obtained for solid and liquid solutions of AgCl and
LiCl between 300 and 900° from galvanic cells of the type Ag/AgCl, LiCl/CI2 Appreciable positive deviations from

Raoult’s law were observed for the liquid solutions.

The effect of composition on the activity of AgCI in the solid solutions

suggested that the electrolyte was metastable with respect to separation into two solid phases over a wide range of con-

centrations.

Introduction

The thermodynamic properties of the AgCI-NacCl
system between 300 and 900°, as determined from
electrometric measurements, were presented in a
previous paper.2 Due to the mobility of the Ag+
ion, solid solutions containing AgCI have sufficient
electrolytic conductance to be studied at tempera-
tures well below the solidification point.s Hence,
activity measurements were extended to the solid
solution region with the result that evidence of
metastable phase behavior was found. For pur-
poses of comparison, a similar investigation of the
AgCI-LiCl system was undertaken.

As with AgCI-NaCl, AgCI-LiCl appears to form
a continuous series of solid solutions throughout the
entire composition range,ss however, there is an
earlier phase diagram in which a region of immisci-
bility is indicated.s

Electrometric measurements of the activity of
silver chloride in molten AgCI-LiCl have been made
previously by Salstroms over a rather small tem-
perature range, the upper limit of which was near
600°. The investigation described here extends
the measurements in the liquid range to almost
900°. The two sets of measurements are in very
good agreement over the common temperature
range.

Experimental

The apparatus and the procedure were the same as used
for the AgCI-NaCl system2except that additional precau-
tions were taken to avoid contact between LiCl and atmos-
pheric moisture.

Results and Discussion

Liquid Region.—The effect of temperature and
of composition on the e.m.f. of the cell Ag/AgCl,
LiCl/Cb in the liquid range is shown in Table I.
The estimated uncertainty in the e.m.f. values is
+0.5 mv. The cell potentials are linear with tem-
perature and the temperature coefficient increases
with increasing concentration of AgCI.

Computed thermodynamic data for AgCl ob-
tained from the electromotive force and its temper-

(1) Operated for the United States Atomic Energy Commission by
the Union Carbide Corporation.

(2) M. B. Panish, R. F. Newton, W. R. Grimes and F. F. Blanken-
ship, This Journal, 62, 1325 (1958).

(3) A. Wachter, 3. Am. Chem. Soc., 54, 919 (1D32).

(4) D. P. Lesnykh and A. G. Bergman, Zhur. Phys. Chem. U.S.S.R.,
30, 1959 (1956).

(5) D. S. Lesnykh and A. G. Bergman, Zhur. Ob. Chem. U.S.S.R.,
23, 4 (1953).

(6) “Landolt-Bornstein,” Voi. 5 [1], p. 612.

(7) E.J. Salstrom, T. J. Kew and T. M. Powell, 3. Am. Chem. Soc.,
58, 1848 (1936).

Tabte |
of E.M.F.

Variation (volts) with Temperature for

the Cell

AglAgCI (X,), LiClICI*
| Molten |

Ni = mole fraction of AgCI

T (°C) T (°C) T (°C)
E.m.f. Cobsd.) E.m.f. (obsd.) E.m.f. (obsd.)

Ni = 1.00 Ah = 0.815 N, = 0.191
482.0 0.9028 834.0 0.8212 81:7.0 0.9060
484.0 .9043 830.0 .8236 758.0 9131
498.8 .8972 543.0 .8993 662.0 .9242
504.0 .8982 658.5 .9256
517.5 .8935 N, = 0.585 612.5 .9327
534.5 .8882
551.6 .8823 887.0 0.8260 N, = 0.105
553.0 .8819 881.0 .8364
566.0 .8796 780.5 .8552 808.5 0.9439
567.6 .8793 705.0 .8705 774.0 .9498
591.7 .8700 605.0 .8957 768.0 .9505
610.5 .8652 506.0 .9202 758.5 .9514
654.0 .8532 7225 .9536
659.7 .8532 Ni = 0.252 720.5 .9538
688.0 .8446 653.5 .9592
695.0 .8422 865.5 0.8838
698.0 .8417 864.0 .8843 Ah = 0.0286
723.6 .8358 765.0 .8970
744.2 .8298 693.0 .9092 883.5 1.0647
757.0 .8253 633.5 9174 880.5 1.0648
795.0 .8151 589.5 .9255 855.0  1.0613
800.5 .8148 831.5 1.0590

Ah = 0.238 765.5 1.0542

v, = 0.905 715.0 1.0508

790.5 0.8982 639.5 1.0475
842.0 0.8107 650.5 0.9183
703.0 .8443
602.0 .8756
571.0 .8892
489.5 .9136
ature coefficient are given in Table Il. Free ener-
gies of formation are given by AF, = —23.072?,

where the subscript 1 designates silver chloride, and
E is the cell em.f. The partial molal free energy of
mixing Fi = AF, — AFi°, where the superscript
refers to pure silver chloride, is equal to RT In cq;
thus the activities are based on pure liquid as the
standard state. Figure 1 shows the variation of
the activity of AgCl with composition at 800°, and
includes for comparison a curve for the correspond-
ing behavior in the silver chloride-sodium chloride
system. Another comparison”between the two
systems is provided by the excess free energy of
mixing of silver chloride, 2hE = /fi — RT In Nh
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Table Il

Thermodynamic PropertiesOof Molten Silver Chloride Diluted with Lithium Chloride

Thermodynamic Properties of M olten and Solid Solutions of AgC1 and LiC1 669

Ni (AgCl) 0.0286 0.105 0.191 0.238 0.252 0.585 0.815 0.905 1.000
dE/dt X 106 +68 -87 -133 -143 -147 -223 -265 -289 -289
ASi, cal./°C. + 1.57 -2.01 -3.07 -3.30 -3.39 -5.14 -6.11 -6.65 -6.65
Si, cal./°C. 8.22 4.64 3.58 3.35 3.26 1.51 0.54 0.0 0.00
AHI, cal. -22720 -24010 -24230 -24230 -24250 -25170 -25740 26080 -25910
ffi, cal. 3190 1900 1680 1680 1660 740 170 0 0
T, °C.
600 E (v.) 1.0442 0.9640 0.9338 0.9258 0.9222 0.8970 0.S845 0.8792 0.8700
600 aFi (cal.) -24100 -22240 -21550 -21358 -21280 -20700 -20410 -20290 -20070
600 Fi -4020 -2170 -1480 -1290 -1210 -030 -340 -220 0
600 ai 0.100 0.286 0.427 0.476 0.498 0.697 0.823 0.882 1.00
600 yi 3.50 2.72 2.24 2.00 1.97 1.19 1.01 0.98 1.00
700 E 1.0510 0.9555 0.9205 0.9112 0.9078 0.8741 0.8578 0.8500 0.8419
700 AFi -24250 -22050 -21240 -21020 -20950 -20170 -19790 -19610 -19430
700 Fi -4820 -2620 -1810 -1590 -1520 -740 -360 -180 0
700 oi 0.083 0.258 0.392 0.439 0.456 0.682 0.830 0.909 1.00
700 7i 2.90 2.45 2.05 1.84 1.81 1.16 1.02 1.00 1.00
800 E 1.0580 0.9471 0.9072 0.8971 0.8932 0.8520 0.8310 0.8910 0.8138
800 AFi -24410 -21850 -20930 -20700 -20610 -19660 -19170 -18940 -18780
800 Fi -5630 -3070 -2150 -1920 -1830 -900 -390 -164 0
800 ai 0.072 0.236 0.367 0.407 0.424 0.656 0.830 0.626 1.00
800 7i 2.55 2.25 1.92 1.71 1.68 1.12 1.02 1.02 1.00
900 E 1.0646 0.9380 0.8939 0.8830 0.8780 0.8300 0.8050 0.7925 0.7859
900 AFi -24560 -21640 -20630 -20370 -20260 -19151 -18575 -18290 -18130
900 Fi -6430 -3510 -2500 -2240 -2130 -1020 -440 -160 0
900 Fi° 1856 1744 1358 1105 1082 230 30 70 0
900 ai 0.063 0.222 0.343 0.382 0.401 0.645 0.826 0.935 1.00
900 vyi 2.23 2.11 1.80 1.60 1.59 1.10 1.02 1.02 1.00
subscript 1indicates AQCl. E = e.m.f. (estimated jrror 0.5 mv.). AFi = —23.07E (estimated_error *#25 cal.).

Fi = Ail — AFP = RT In a, (estimated error £50).
ai = activity based on pure AQCl (estimated error £0.45).

where Ni is mole fraction; this quantity as a func-
tion of composition at 900° for the two systems is
plotted in Fig. 2. Other tabulated quantities are
AiSi = n$dE/dT, the partial molal entropy of mix-
ing Si = ASi — AR, also the corresponding heat
guantities AHi and Hi, and the activity coefficient
7 = a/Ni.

The greater positive deviations of AgCl in LiCl
than in NaCl mixtures are consistent with the be-
havior found by Hildebrand and Salstroms in the
AgBr-LiBr and AgBr-NaBr systems at lower tem-
peratures. A tendency toward positive devia-
tions arises from the effect cf the electrostatic field
of the alkali cations in diminishing the partly co-
valent character of the Ag-Cl bond. The smaller
Li+ ion is more effective than the Na+ ion. An al-
ternative viewpoint, suggested by Forland, s regards
the relatively small volume change on melting of
AgCl, compared with alkali chlorides, as an indi-
cation of different liquid structures for the pure
components; mixing the liquid structures results
in an increase in energy content tending to posi-
tive deviations. By contrast, an opposing tendency
toward negative deviations, expected with cations
that differ in size and polarizing properties, predomi-
nates in the AgBr-KBr and AgBr-RbBr systems.s

Solid Solution Region.—An electrometric deter-
mination of the activity of AgCl in AgCI-NacCl

(8) J. H. Hildebrand and E. J. Salstrom, J. Am. Chem. S o c 54, 4257
(1932).

(9) T. Forlana, Pennsylvania State University, ONR Report No.
69, June 1956.

t\E = FP —RT in Nu AS, = 23.07 dE/dt.

Si = A<S — ASIQ
yi = cii/Ni (estimated error +0.02).

0 0.5 1.0
ArAgci, mole fraction of AgCI.

Fig. 1.—The activity of AgCl in AgCI-LiCl and AgCI-NaCl
solutions at 800°.

solid solutions at 150 and 200° by Wachterio gave
a smooth continuous curve for activity as a func-
tion of composition showing positive deviations at
low AgCIl concentrations and negative deviations
at high AgCl concentrations. In between, there
was a region in which the activity of AgCl de-

(10) A. Wachter, 3. Am. Chem. Soc., Si, 919 (1932).
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Table 111

Variation o? E.M.F, (voits) with Temperature for the Cells

AglAgCI, LiClICO

Solid

Ni = mole fraction of AgCl

T (°C.) E.tii.f. (obsd. T (°C.) E.m.f. (obstl.)

an = 1.00 vV, = 0.191
454.0 0.9232 460.0 0.9368
400.0 9554 452.5 9411
361.0 .9768 440.0 9473
318.2 1.003 4285 9554
309.0 1.006 4145 9646
265.3 1.027 409.5 9631
265.2 1.024 396.5 9703
264.3 1.029 3945 9735

392.0 9721

an = 0.105 383.5 9775

381.5 9785
480.0 0.9303 373.5 9788
479.0 .9308 360.0 9874
476.0 .9285 358.5 9884
440.5 921 341.5 9940
434.5 9449 330.5 1.001
419.5 .9506 327.0 0.9973
4155 .9627 322.0 1.005
415.0 .9549 321.5 1.001
4115 9561 314.5 1.004
371.0 9779 311.5 1.003
368.0 .9804 304.0 1.013
357.5 .9804 290.5 1.011
355.0 9816
340.5 .9891 Ah = 0.238
3385 .9893
336.5 .9900 433.0 0.9572
404.0 9715
389.5 9727
372.0 9859
327.5 1.003
299.5 1.013

A'Agei, mole fraction of AgClI.

Fig. 2.—The excess free energy of AgCl in AgCI-LiCl and
AgCI-NaCl solutions at 900°.

T (°C.) E.m.f. (obsd.) T (°C.) E.m.f. (obsd.)

Ah = 0.252 Ah = 0.895
448.0 0.9532 398.5 0.96S1
441.0 .9542 393.5 L9707
437.0 .9568 362.0 .9909
425.0 .9643 330.5 1.010
399.5 9764 299.0 1.024
378.5 .9837
356.0 .9948 Vi = 0.905
344.0 .9963
315.5 1.006 402.5 0.9836
312.0 1.011 401.0 0.9799
283.5 1.019 365.5 1.008

349.5 1.015

Ah = 0.585 326.5 1.0265

324.0 1.0250
421.5 0.9616 322.5 1.0235
386.5 9812 301.5 1.0269
369.0 .9897
343.0 1.001 Ah = 0.915
331.5 1.006
307.0 1.013 403.5 0.9564
302.5 1.014 374.5 9744
350.0 .9905
Ah = 0.815 319.5 1.006
301.0 1.015
407.0 0.9672
403.0 L9672 Ah = 0.955
397.0 L9706
373.0 .9836 440.0 0.9377
349.0 .9920 399.0 9647
347.0 .9935 365.0 .9845
345.5 .9978 342.0 .9929
341.5 .9990 316.0 1.008
303.5 1.0146

creased with increasing concentration; this was
regarded as a demonstration of the freezing in of
supersaturated solid solutions which persisted in-
definitely although they were metastable with
respect to separation into two phases.

When the AgCI-NaCl system was examined in
this Laboratory: the results for the solid region in-
dicated that the upper consolute temperature for
the immiscibility gap was at about 450°. Below
the consolute temperature, at 300 and 400°, posi-
tive deviations resembling those found by Wachter
were obtained but in the region of the immiscibility
gap the activity values were too scattered to per-
mit conclusions regarding a continuous decrease in
activity with increasing concentration. These
considerations led to an interest in the activity of
AgCl in AgCI-LiClI solid solutions.

The solid solutions were obtained from liquid
solutions by quenching the cell in water. Unmix-
ing of the metastable phases was evidently pre-
vented by the difficulty of nucleation and by the
slowness of diffusion in the solid solutions.

The variation of e.m.f. with temperature for the
cell
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Tabtre IV
Thermodynamic Properties” of Solid Silver Chloride Diluted with Lithium Chloride
0.105 0.191 0.238 0.252 0.585 0.815 0.895 0.905 0.915 0.955 1.00
300°
E 1.008 1.012 1.012 1.015 1.015 1.014 1.022 1.027 1.C15 1.015 1.010
AN\ 23250 -23350 -23350 -23420 -23420 -23400 -23580 -23690 —23420 -23420 -23300
F_i 0 -50 -50 -120 -120 -100 -280 -390 —120 -120 0
ai 10 0.96 C.96 0.90 0.90 0.92 0.78 0.71 0.90 0.90 1.00
400°
E 0.9161  0.970 0.973 0.975 0.975 0.970 0.967 0.983 0.964 0.964 0.954
AH -22170 -22380 -22450 -22490 -22490 -22380 -22310 -22680 -22150 -22240 -22010
F_, -160 -370 -440 -480 -480 -370 -300 -670 -140 -140 0
a 0.89 0.76 0.72 0.70 0.70 0.76 0.80 0.61 0.91 0.91 1.00
° Symbols have the same meaning as  Tabic II.
AglAgl%l, LiCll ¢ The region in which the measured activities of
[(solid soin.);j AgCI resemble those expected for a supersaturated
is shown in Table Ill. The estimated error in solid solution is more extensive with LiCl than with

em.f. is £1-3 mv. Data are not given for solid
solutions containing less than 10 mole % AgCI be-
cause the cell voltage drifted steadily in the direc-
tion of increasing AgCIl activity. In general the
potentials for the solid solutions differed but little
from the value for pure AgCl. Consequently the
free energies of mixing and the activities in Table
IV were not very accurately determined, but are of
interest as an approximate representation of the
solid solution behavior.

AQUEOUS SOLUTIONS OF POLYVINYLSULFONIC ACID:
SEPARATION AND SPECIFIC

NaCl. Moreover, one portion of the composition
range of the AgCI-LiCl solid solutions appears to
provide an example of a decreasing activity of AgCI
with increasing concentration.

Greater positive deviations in LiCl rich solid
solutions than with NaCl at the same concentration
are consistent with the smaller lattice size of LiCl
and the view that the positive deviations result
from lattice strain.

PHASE
INTERACTION WITH IONS,

VISCOSITY, CONDUCTANCE AND POTENTIOMETRY1

By H. E isenberg2and G.Ram Mohan

The Weizmann Institute of Science, Rehowot, Israel

Received September 2, 1958

Aqueous solutions of polyvinylsulfonic acid and its salts with various monovalent cations, separate into two liquid phases
at high concentrations of added monovalent electrolytes. The phase separation has been studied as a function of tem-
perature, polymer and added electrolyte concentration. The phenomenon is highly specific with respect to the mono-
valent electrolytes investigated. In the alkali halide series the order of specificity is NaCl < KC1 > RbCland KI > KBr >
KC1; no phase separation occurs under similar conditions with HC1, LiCl, CsCl and NH4C1. Partial separation of K +
from Na+, K+ from NH4+, Rb+ from NH4+ and Na+ from H + in mixtures containing the chlorides of both respective
cations has been achieved. From potentiometric and conductimetric titrations polyvinylsulfonic acid is shown to behave
as a fully ionized polyelectrolyte. Specific effects with alkali cations are shown, from viscosity and conductivity measure-
ments, to exist also in dilute solutions of the polymer, both in the absence and in the presence of added monovalent elec-

trolytes; they are correlated to the order of specificity of the same cations in phase separation.

Introduction

An investigation of some solution properties of
polyvinylsulfonic acid (PVSA) and its salts with
metallic monovalent cations led to the discovery of
liquid-liquid phase separation phenomena (coacer-
vationys at high concentrations of added mono-

(1) Presented at the 134th ACS Meeting, Chicago, September 7-12,
1958.

(2) Mellon Institute, Pittsburgh, Pa. (on leave of absence from
Weizmann Institute of Science).

(3) For a discussion of various cases of phase separation in colloid
and polyelectrolyte solutions see references 4-7.

(4) M. J. Voorn, Rec. trav. chim., 75, 317, 405, 427, 925, 1021
(1956).

(5) J. Th. G. Overbeek and M. J. Voorn, J. Cell. Comp. Physiol.,
49, Suppl. 1, 7 (1957).

(6) 1. Michaeli, 3. Th. C. Overbeek and M. J. Voorn, J. Polymer
Sci., 23, 443 (1957).

valent electrolyte. The phase separation depends
upon (a) added electrolyte concentration, (b) poly-
mer concentration, (c) temperature, and (d) is
highly specific with respect to the monovalent
cations and anions investigated.

(&) At agiven temperature and polymer con-
centration there exists a lower and an upper limit
of added electrolyte concentration between which
phase separation occurs.

(b) At a given temperature and added electro-
lyte concentration there exists also a lower and an
upper limit of polymer concentration between which
phase separation occurs.

(c) With increase in temperature phase separa-

(@) H. Thiele and L. Langmaack, Z. physik. Chevi. (Leipzig), 206,

394 (1956).
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tion in a given system completely disappears upon
mixing the two phases. For each polymer-added
electrolyte system there exists a temperature Tp at
which phase separation occurs; above Tp the sys-
tem is homogeneous, whereas below Tp two phases
in thermodynamic equilibrium coexist. The plots
of Tp against added electrolyte concentration (at
constant polymer concentration), and of Tpagainst
polymer concentration (at constant added electro-
lyte concentration) exhibit distinct maxima in all
cases investigated.

(d)  With the electrolytes HC1, LiCl, CsCl andsalt and have studied polymerization,

NH4Cl no phase separation occurs down to the
freezing points of the solutions. The maximum in
the Tp against added electrolyte concentration plots
for NaCl and RbCI is at room temperature whereas
for KC1 it is about 50°. Sulfate and nitrate anions
lower the Tp's, whereas bromide and iodide in-
crease them in that order of chloride. The shift in
the Tp curves has been used for defining suitable
conditions for the partial separation of K+ from
Na+, K+ from NH4+ Rb+ from NH4+ and Na+
from H+ in mixtures containing the chlorides of
both respective cations.

The problem of specific interactions with ions in
polyelectrolyte solutions and gels is of major inter-
est for an understanding of polyelectrolyte systems;
valid criteria are required to determine whether
such peculiarities as, for instance, low activity
coefficients, low mobilities and many other equilib-
rium and transport phenomena, may be unequivo-
cally attributed to the non-specific action of the
large electrostatic potential (on the multiply
charged polyelectrolyte molecule); or whether such
phenomena are, in part, or wholly, due to specific
binding. We have recently been able to shows
that no specific interactions with K+, Na+ and Li+
may be inferred from conductance measurements
on dilute aqueous solutions of partially ionized
polymethacrylic (PMA) and polyacrylic (PAA)
acids.e These polymeric acids in the fully ionized
state are shown below not to exhibit the phenome-
non of phase separation with metallic monovalent
ions.  On the other hand viscosity and conductance
measurements on dilute solutions of PVSA and its
neutral salts (with and without added electrolyte)
indicate that, to some extent, specific interactions
responsible for the phase separation phenomena in
PVSA, are also reflected in the dilute solution prop-
erties of this polymer.

Vinylsulfonic acid (VSA) may be polymerized
and conveniently transposed into its well defined
salts by neutralization with a suitable base, to yield
polymer solutions, the viscosity, conductance and
pH of which are stable over long periods cf time.
It will be shown below from both conductance and
potentiometric measurements that PVSA consti-
tutes a typical ionophoriciz polyelectrolyte, en-

(8) H. Eisenberg, “International Symposium on Macromolecular
Chemistry,” Prague, September 1957; J. Polymer Sci., 30, 47 (1958).

(9) It should be mentioned though that specific effects have been
reported for PMA and PAA by Gregor and co-workersl011 in solutions
of alkali halides and with bulky quaternary ammonium counterions.

(10) H. P. Gregor and M. Frederick, J. Polymer Set., 23, 451
(1957).

(11) H. P. Gregor, D. IT. Gold and M. Frederick, ibid, 23, 4G7
(1957).

(12) R. M. Fuoss, J. Chem. Ed., 32, 527 (1957).
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tirely analogous in its neutralization behavior to
such “strong acids” as HC1 for instance, apart from
the low activity coefficients of the protons, which
appears to be due to the electrostatic potential of
the macromolecule.

Vinylsulfonic acid and its salts have first been
prepared by Kohleris and the early literature on
their preparation, polymerization and uses has been
summarized in Schildlmecht's monograph.14s More
recently Breslow and co-workersis-17 have given a
new synthesis of vinylsulfonic acid and its sodium
copoly-
merization and viscosities of the polymers. Dialer
and Kerberis have studied the viscosity of the Na+
salts of PVSA and Kern and co-workersiozo have
studied polymerization, viscosity and potentiome-
try, and have indicated the importance of the poly-
mer in the catalysis of hydrolytic reactions in pep-
tides and proteins. The monomer used in this in-
vestigation has been prepared according to Kohleris
and was polymerized by ultraviolet radiation
in the cold, in concentrated aqueous solution. A
polydisperse, unfractionated sample of PVSA (mol.
wt. = (3.5 + 0.5) X 109 was used.

Experimental

Polymerization of VSA, Purification and Molecular Weight
(Mol. Wt.) of PVSA.—Fifteen ml. of VSA13 was distilled
INVaoWo (b.p. 110° at 0.4 mm.) into a quartz flask contain-
ing 5 ml. of water, cooled in ice. The 75% clear, colorless,
solution of VSA in water was polymerized IN VACOWO in the
quartz receiver, in the cold room (at about 4°), by exposure
for 16 hours to the light of an AH4 ultraviolet lamp, at
about 40 cm. distance. The monomer polymerized to
yield a clear gel. It was removed from the polymerization
vessel by dissolving in a small amount of water, and di-
alyzed against conductivity water until no more acidity
(from monomer and low polymers diffusing through the di-
alysis membrane) could be detected in the equilibrating
water. During dialysis the volume of the polymer solution
increased appreciably because of transport of water into the
concentrated polyelectrolyte phase; the polymer solution
was periodically concentrated in the dialysis bag by evapo-
ration across the membrane. This was achieved by simul-
taneous exposure of the dialysis bag to the action of a fan
(to evaporate the liquid on the surface of the membrane) and
an infrared lamp (to provide enough heat to the evaporating
solution to keep it at about room temperature). Finally
80 ml. of a 0.82 eq./l., very viscous solution of PVSA was
obtained (corresponding to about 7.1 g. of PVSA). This
solution was stored at 4° and was used for all subsequent
measurements.

The polymer solution did not absorb bromine and very
little ultraviolet absorption could be detected (down to a
wave length of 2100 A.) in the Beckman U.V. spectropho-
tometer. For elementary analysis the hygroscopic polymer
was dried for 5 days IN VaOUD at room temperature, over
P25 The equivalent weight, from titration of solutions
of the dried material with standard base, was found to be 120
(theor. 108). Assuming 2/3molecules of residual water per
monomer unit (eq. weight 120) elementary analysis gave:
C, found 19.9% (theor. 20%) H, found 4.6% (theor. 4.45);
S, found 24.5% (theor. 26.6).

No attempt at fractionation was made in this work. It
is likely though that some of the low mol. wt. material was

(13) E. P. Kohler, Amer. Chem. J., 17, 728 (1897); 20, 680 (1898).

(14) C. E. Schildknecht, “Vinyl and Related Polymers,** John
Wiley and Sons, Inc., New York, N. Y., 1952, p. 645.

(15) D. S. Breslow and G. E. Hulse, 3. Am. Chem. Soc., 76, 6399
(1954).

(16) D. S. Breslow, R. R. Hough and J. T. Fairclough, ibid., 76,
5361 (1954).

(17) D. S. Breslow and A. Kutner, J. Polymer Sci.. 27, 295 (1958).

(18) K. Dialer and R. Kerber, Makromol. Chem.. 17, 56 (1956).

(19) W. Kern, W. Herold and B. Seherhag, ibid.. 17, 231 (1956).

(20) W. Kern and R. C. Schulz, Angew. Chem.. 69, 153 (1957).
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removed in the dialysis procedure. The mol. wt. of the
dialyzed stock material was estimated by light scattering
in 0.5 mole/1. NaCl at X 4360 A. and found to be (3.5 =
0.5) x 104 using d/oc = 0.172 ml./g. (determined in
aqueous solution at the Na wave length x 5890 A.).

Phase Separation Experiments.— Solutions of PVSA and
their neutral salts were made up with concentrated solutions
of HC1, LiCl, NaCl, KC1, RbClI, CsCl, NI14C1, KI, KBr,
NaNOj, KNO03 and Nax04 (analytical reagents) and in
some cases directly by adding the dry salt (and calculating
concentration in moles/1.21). The polyelectrolyte-electro-
lyte solutions were heated with mixing above the phase
separation temperature (Tp) to yield clear solutions. On
gradually lowering the temperature strong turbidity sharply
occurred at Tp and was visually observed; 7'p was repro-
ducible to * 0.2° independently whether approached from
a high or a low temperature. Below Tpthe solutions almost
immediately separated into two liquid phases which were
completely clear when the system was kept at a constant
temperature for a few hours. The two layers were thor-
oughly mixed and allowed to separate again to ensure ther-
modynamic equilibrium; they were then carefully separated
with capillary pipets (leaving a small amount around the
interphase boundary undisturbed) and samples for analysis
were removed from each phase with suitable micropipets
(0.025 to 0.100 ml.). The over-all accuracy of the phase
separation experiments is estimatea to be £+3% .

Analytical Procedures in the Phase Separation Experi-
ments.— Chloride was determined potentiometrically in
aqueous 80% acetone, in HNOa medium, using AgNO03
standard solution.

For the sulfate analyses known volumes of the polymer
solutions were dehydrated over P2 6in Pt boats. The dry
samples were combusted in a stream of O2 at about 700°;
SOi was absorbed in H202solution and titrated with BaC104,
using Thorin as indicator. In the presence of added elec-
trolytes non-volatile sulfates formed in the Pt combustion
boats during combustion. In all such cases the residues
after combustion were digested with H202 and titrated as
before, after removal of H202 by toiling.

Ammonium was determined by distillation over NaOH
into boric acid and titration of the complex with standard
HC1 to pH 5.2 (mixed methylene blue-methyl red indicator).

The alkali metal cations were determined by flame
photometry using a Beckman Model B Flame Spectropho-

tometer. 0 Potassium was determined at 7680 A. and Na+
at 5890 A. in the concentration range from 10-3 to 10-4
mole/l. Calibration curves were constructed for K+ and
for Na+ at constant concentration of 10~2mole/1. of NaCl
and KC1, respectively. Also, when analyzing for K+ in
mixed polyelectrolyte-electrolyte solutions (containing both
K+ and Na+ ions in unknown amounts), these solutions
were made 10-2 mole/1. with respect to NaCl and VICE \EI'Sa
It was found by this procedure that interference due to the
presence of the polymer (activity factors, viscosity, sulfo-
nate anion) and foreign alkali cations (in cations distribution
experiments) were eliminated and analytical results (£ 2%)
could be obtained.

Viscosity Measurements.—Viscosity measurements were
performed at 25° in a modified Ostwald-Fenske capillary
viscometer standardized according to ASTM D 445 (Series
50,  —0.0215 cm., flow time (for 10 ml._H20) 245.3 sec.,
Kroepelin average rate of shear, for H0, G = 1100 sec.-1).
Concentrations of PVSA in this work were expressed in
equiv./l. of SO03~groups and may be transformed into g./ml.
by multiplying with 0.108; ijsp/c and [7] are given in 1./
equiv. and may be transformed in ml./g. by dividing by
0.108. Viscosities were checked in a Couette viscometer,2
at a rate of shear (7 = 1 sec.-1, indicating no shear depend-
ence, even in pure aqueous solutions; it should be noted
that with the relative low mol. wt. of the polyelectrolyte
this result is not surprising.

Special care was taken in the determination of the vis-
cosity of the various PVSA salts in the absence of added
electrolyte. These values are very sensitive to slight ionic
impurities and the measurements were performed by di-
rectly adding concentrated base solution into the viscometer

(21) H. S. Harned and B. B. Owen, “The Physical Chemistry of
Electrolytic Solutions,” Reinhold Publ. Corp., New York, N. Y.f
1950, p. 556, Table (12-1-1A"i.

(22) E. H. Frei, D. Treves and H. Eisenberg, J. Polymer Sci., 25,
273 (1957).
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XCl, noles/ 1

Fig. 1.— Phase separation temperatures TV at constant

concentration of PVSA, with various electrolytes XC1 (X =
Na, Rb, K).

Fig. 2.—Phase separation temperatures Tp at constant
concentration of X-PVSA, with various electrolytes XC1 (X
= Na, Rb, K).

with an Agla Micrometer Syringe (Manufactured by Bur-
roughs Welcome and Co. London). This all-glass buret
delivers a total of 0.5 ml., the smallest graduation corre-
sponding to 0.0002 ml.; a polyethylene capillary tube was
used for introducing the titrant directly into the viscometer.
The same device also was used for addition of concentrated
electrolyte, respectively, polyelectrolyte solution, for all
the viscosity conductance and potentiometric measurements.
Conductance Measurements.—Conductance measure-
ments were performed at 2000 cycles per second at 25° using
a twin cell compensated for electrode polarization in a circuit
recently described.8 Conductance data were expressed in
terms of equivalent conductance A = 103 k/cwhere k is the
specific conductance of the solution and c the equivalent
concentration of ionophoric groups. No frequency effect
was observed between 30 and 30000 cycles per second.
Carbon dioxide-free water (specific resistance ~ 106 ohms)
was used throughout and a solvent correction applied. The
same water also was used in all the other experiments.
Potentiometric Titration.—Potentiometric titration and
pH measurements were performed at 25° with a Beckman



674

Na-PVSA,eq./I.

Fig. 3.—Phase separation temperatures 7',, at constant
concentrations of NaCi, as a function of Na-PVSA concen-
tration.

No Cl,moles / I.

Fig. 4.—Phase diagram of Na-PVSA with NaCl at 0°.
Model G vacuum tube potentiometer using a glass elec-
trode in conjunction with a calomel, saturated KC1, elec-
trode. The readings were standardized with HC1 10-1

mole/l. (pH 1.085), K-biphthalate 0.05 mole/l. (pH 4.01)
and Na-borate 0.05 mole/1. (pH 9.18).

Results and Discussion

I. Phase Separation Studies. Phase Separa-
tion Temperatures.—The phase separation tem-
peratures Tp have been plotted against NaCl, KC1
and RbCI concentration for PVSA in Fig. 1 and
for PVSA neutralized with the respective bases in
Fig. 2. No phase separation occurs in both cases
with HC1, LiCl, CsCl and NEICl down to the
freezing points of the solution. An examination
of Figs. 1and 2 reveals that, at the low added elec-
trolyte concentration side, the curves seem to be
converging (as specific effects are likely to become
less pronounced at low electrolyte concentrations);

H. E isenberg and G. Ram M ohan
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at high concentrations of added electrolyte specific
effects predominate and the curves diverge mark-
edly. AIll curves exhibit a distinct maximum,
showing that the two phases recombine, at constant
temperature, with excess electrolyte. The curves
for PVSA in Fig. 1 are lower than the correspond-
ing curves for its neutral salts in Fig. 2; this is due
to the fact that the H+ ions lower Tp (no coacerva-
tion for HC1). At high concentration of added
electrolytes, though, when the mole fraction of H+
decreases because of the high concentration of neu-
tral salt, the curves for PVSA converge with the
curves for X-PVSA (where X represents Na, K and
Rb, respectively) as can be easily seen by superim-
posing Figs. 1 and 2. The effect on Tp of change
of polymer concentration (Na-PVSA) at constant
NaCl concentrations is shown in Fig. 3.

The remarkable feature of both Figs. 1 and 2 is
the order of the cations with respect to phase sep-
aration. We choose to define order of specificity
with respect to phase separation in a certain cation
series in terms of the order in which substitution of
one cation by another produces an increase in Tp at
corresponding ionic strength. Considering the al-
kali metal cations we find the following order:
(Li+) < Na+ < K+ > Rb+ > (Cs+). Phase sep-
aration thus does not follow the order of the hy-
drated ionic radii. This is further exemplified by
the observation that no phase separation occurs
with NFUC1 in spite of the fact that both NI14+
and K+ are known to have nearly identical ionic
radii in aqueous solution.

A series of measurements were performed to de-
termine the influence of the anions ir. the phase sep-
aration experiments. Thus it was found that no
phase separation occurs with NazSC4 whereas with
K2S04 the maximum of the Tp against salt concen-
tration curve is around 9° (at about 0.5 mole/1. of
K2SO0s4) ; sulfate anion thus lowers Tp as compared
with Cl~. The maximum in the curve for KNOs
also lies at about 9° (at about 1.4 moles/1. of KN 03.
In the halogen ion series the maximum for KBr
lies at 69° (at about 4 moles/1. of KBr) and for Kl
no maximum was observed as Tp is above the boil-
ing point of the solutions, from 1.4 moles/1. KI
concentration. The order for phase separation is
thus I- > Br~ > CI" in this series.

Phase Diagrams at Constant Temperature.—The
phase separation of a solution of Na-PVSA with
NaCl may be represented by a three dimensional
surface in the rectangular coordinate System NaCl-
NaPVSA-temperature. Above this surface no
phase separation occurs whereas below this sur-
face two phases coexist; at the surface t = Tp
and at the apex of the surface t = Tg, the critical
phase separation temperature for this sample of
Na-PVSA in solutions of NaCl. Figure 2 repre-
sents a section through this surface at constant
Na-PVSA and Fig. 3 a number of sections at con-
stant NaCl concentrations. An isothermal section
through the surface represents the miscibility gaps
in terms of the two components Na-PVSA and NacCl.
While it is, in principle, possible to construct the
isothermal sections from a study of the phase sep-
aration temperatures Tp, no information on the tie-
lines, i.e., the lines connecting conjugate phases in
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Tabte |
Phase Separation Data for Na-PVSA with NaCl, at 0°
Concentrations are in equiv./l. of ions.
=30 Yo (Na X Cl)co
No cl- SOs- Na + (so3~eq (Na X Clyeq
1 Equil. lig. 0.67 0.073 0.75 209 1.34
Coacervate 0.355 1.53 1.88
2 Equil. lig. 1.75 0.063 1.81 41.6 1.07
Coacervate 0.96 2.62 3.58
3 Equil. lig. 2.15 0.054 2.20 50.0 1.04
Coacervate 1.23 2.66 3.90
4 Equil. lig. 2.57 0.063 2.63 31.9 1.02
Coacervate 1.79 2.01 3.80
5 Equil. liqg. 3.28 0.183 3.46 5.5 0.86
Coacervate 2.66 1.00 3.66

thermodynamic equilibrium, may be obtained by
this procedure. To obtain the tie-lines it is necessary
to lower the temperature below Tp and to study the
composition of the two coexisting phases in thermo-
dynamic equilibrium. Using this procedure for a
number of NaCl and polymer concentrations at the
same temperature (o °), a set of points, connected
by tie-lines in pairs, were obtained. The closed
curve described by these points (the circles in Fig.
4) represents an isothermal cut through the phase
surface, in the two coordinates Na-PVSA (based
on the analytical data for S(U~) and NaCl (based
on the analytical data for Cl-). The position of
the dotted portions of the curve is uncertain.

The analytical results for the phase separation
diagram in Fig. 4 are tabulated in Table I. We
have tabulated the ratios of the polymer concentra-
tions (Sos-)co/(So 3-)eq of the coacervate (co) to
equilibrium (eq) phases, and the ratios of the mass
products of NaCl in the twc phases. The latter
(Na X Clheo/(Na X Cl)eg may be identified with
the ratios of the corresponding activity coefficients,
this constituting a statement of the Donnan equilib-
rium between the two phases.

Effect of Polymer Polydispersity on Phase
Separation.— It already has been stated above that
it is, in principle, possible to construct the phase
surface and to obtain the isothermal sections from
a study of the phase separation temperatures Tp.
The intersections in Fig. 2 of the NaCl curve for
Na-PVSA = 0.3 equiv./l. with t = 0° and the in-
tersection in Fig. 3 of the curve for NaCl = 3.6
moles/i. with t = o° have been plotted (triangles)
in Fig. 4. For a monodisperse polymer the data
obtained by both procedures should lie on the same
curve. For a polydisperse polymer the phase dia-
gram in Fig. 4 represents an “apparent” phase dia-
gram only, in which the polydispersity of the poly-
mer has not been taken into consideration. Polymer
fractionation may occur in the polydisperse poly-
mer solution, in the experiments involving separa-
tion into two phases (below Tp) and is likely to shift
the points on the “apparent” phase diagram in a
way dependent on the polymer mol. wt. distribu-
tion curve.

Polymer fractionation was indeed observed in the
phase separation experiments. A solution of Na-
PVSA = 0.8 equiv./1. in 0.53 mole/1. NaCl was
cooled to 0° (Tp = 2.5°) and the supernatant and
coacervate phases, which were nearly equal in

volume, were analyzed for S03 ; the polymer con-
centrations were found to be in the ratio of 1:7.
Aliquots from the supernatant and coacervate solu-
tions were made up to NaCl = 0.5 mole/1. and the
limiting viscosity numbers [7] were determined in
this solvent. It was found that [~] in the superna-
tant was 2.37 l./equiv. and in the coacervate phase
4.6 l./equiv. Thisisto be comparedto [7] = 3.81./
equiv. (see Fig. 13 below) for the original polymer,
before phase separation. It is planned to study the
fractionation effect and the influence of mol. wt. on
Tp, polymer and salt distribution in a subsequent
work.

Preliminary Observations on Other Polyelec-
trolyte Systems.—The question arises whether the
phenomenon of phase separation of fully ionized
polyelectrolytes (having a high fixed charge den-
sity) with monovalent ions is a general phenom-
enon or is restricted to a few selected systems in
which phase separation is brought about by specific
action of certain cations and anion pairs only.
With Na metapolyphosphate liquid-liquid phase
separation was achieved in NaCl and KC1 solution
but here the Tv's for NaCl were much higher than
those for KC1, in distinct contrast to PVSA. No
phase separation was achieved with LiCl, RbCIl and
CsCl.  Polyvinylpyridonium butyl bromide precipi-
tated in a gel phase with NaCl, KC1 and KBr when
the solution was heated and redissolved upon cool-
ing; the interesting observation for polyvinylpy-
ridonium butyl bromide is the negative temperature
coefficient of phase separation which leads to pre-
cipitation when heat is supplied to the system. A
similar effect was observedzs in a non-ionized poly-
mer system (polymethacrylic acid in methanol-
ether mixture) when polymer fractions were pre-
cipitated by heating the solution and rsdissolved by
cooling the system. Aqueous solutions of slightly
ionized PMA were also shown by Silberberg, Elias-
saf and Katchalsky2s to separate into two phases
with increase in temperature whereas no phase sep-
aration was observed in the case of PAA; similar
observations also were reported by these authors
with respect to gelation of the polymer solutions.

Fully neutralized polymethacrylic and polyacrylic
acids did not show phase separation with mono-
valent ions in aqueous solution. When a drop of

(23) A. Katchalsky and li. Eisenberg, J. Polymer Sci., 6, 145 (1951).

(24) A. Silberberg, J. Eliassaf and A. Katchalsky, ibid., 23, 259
(1957).
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Tabte |l
Phase Separation D ata for PVSA with NaCI, at 0°
Concentrations are in equiv./l. of ions.
(S )0 (NaxcClheo (11 X Cheo  (NaVH +)oo
No. ci- S0,- H+ Na+ (S03~)eq (Na X Cleq (H X Clyeg (Na+/H+)oq
i Equil. lig. 1.06 0.084 0.278 0.87 195 1.41 0.72 1.98
Coacervate 0.66 1.63 0.320 1.97
2 Equil. lig. 1.41 0.030 0.278 1.16 67.5 1.36 0.02 2.22
Coacervate 0.86 2.02 0.281 2.60
3 Equil. lig. 2.09 0.030 0.278 1.84 67.8 0.91 0.49 1.88
Coacervate 1.18 2.04 0.239 2.97
4 Equil. lig. 2.61 0.047 0.278 2.37 44.2 0.90 0.51 1.76
Coacervate 1.62 2.05 0.229 3.44
5 Equil. lig. 3.08 0.064 0.278 2.87 26.2 0.88 0.56 1.57
Coacervate 2.16 1.68 0.224 3.61
6 Equil. lig. 3.68 0.13 0.280 3.53 8.5 0.79 0.58 1.37
Coacervate 2.78 1.10 0.213 3.67
methanol was added to a solution in NaCl the poly- seen to depend on NaCl concentration. An ex-

mers precipitated in the form of a sticky gel and
in the case of KC1 in the form of fine powders. The
precipitates redissolved upon heating the systems
and reprecipitated upon cooling; attempts to re-
move the methanol by repeated washing of the
precipitates with concentrated salt solutions, solu-
tion and precipitation by heating and cooling, did
not alter this phenomenon. It appears thus that
addition of a small amount of methanol to these
polymeric acids (which had not been exposed to
any organic solvents during their preparation) ir-
reversibly changes the nature of their behavior to-
ward phase separation with monomeric ions; spe-
cific, irreversible solvation with methanol in pref-
erence to water is suspected to be responsible for
this behavior.

No phase separation was observed with a sample
of Na polyvinyl phosphate with either NaCl and
KC1. Sodium polystyrene sulfonate flocculated with
NaCl and KC1 and was redissolved by increasing
the temperature. Butler, Robins and Shooters
fractionated polystyrenesulfonic acid by precipi-
tation with concentrated HC1 and Mock and Mar-
shallzs used K1 for the same purpose.

It was reported recently by Schachat and Mora-
wetzzr that dialysis equilibrium measurements of
carrageenin, an acidic polysaccnaride with half-
ester sulfate groups, gave no evidence of a selective
affinity for K+ over Na+, although this polymer
precipitates with K+ salts but not with Na+ salts
at similar concentrations.

Unequal Distribution of lons by Phase Separa-
tion in Mixed Electrolyte Systems.— In mixed elec-
trolyte systems, unequal distribution of cations
(and probably also of anions) may be achieved
under suitable conditions. Phase separation at 0°
of a solution of PVSA = 0.274 equiv./l. in the
presence of varying amounts of NaCl has been
studied and the results are listed in Table Il; the
selectivity coefficients (Na+/H +)co/(Na+/H+)eq
are shown in the last volume of Table Il and are

(25) J. A. V. Butler, A, B. Robins and IC V, Shooter, Proc. Roy.
Soc. (London), A241, 299 (1957).

(26) P. A. Mock and C. A. Marshall, J.
(1955).

(27) R. E. Schachat and H. Morawetz, This Journal, 61, 1177
(1957).

Polymer Pci., 17, 591

amination of Tables I and Il shows that the ratios
(So3~Jco/(So 3-)eq exhibit a pronounced maximum
at intermediate concentration of NaCl; the ratios
(Na X Cled(Na X Cl)eg monotonously decrease
from values larger than unity at low NaCl concen-
trations to values lower than unity with increase in
NaCl concentration; the values of (H X Cl)co/
(H X Cl)egin Table Il were always lower than unity
and exhibit a significant minimum at intermediate
NaCl concentrations. The individual activity co-
efficients of the components in the separate phases
and in the polyelcctrolyte solutions before phase
separation occurs have not been determined at this
stage.

Phase separation experiments for the study of
the distribution of the cations from mixtures of
KC1 and NaCl, KC1 and NH4Cl1l, and RbCI and
NH4Cl are summarized in Table IlIl. Phase sep-
aration was studied at temperatures intermediate
between the Tp's of the respective cations at a
given ionic strength. It was found that the con-
centration of the cation for which separation occurs
at a higher temperature is selectively higher in the
coacervate phase. For example, in the cases ex-
amined, (K+Na+)G/(K+/Na+)eq = 1.28 and
(K+/NHs+)od (K +/NH4)eq = 156, and (Rb+/
NHa+)co/(Rb+/NH4+)eq = 1.25. Complete separa-
tion of ions could probably be achieved by means of
a suitable counter current systems.

1. Solution Properties.
tion.—In potentiometric titration PVSA behaves
as a typical ionophoric electrolyte and titration
with base involves straightforward displacement of
H+ by alkali cations; potentiometric titration meas-
ures the water formation reaction H+ + OH"
H2D and changes in pH values may be related
within the limits of their formal definition, to
changes in the negative logarithms of the activities
of the protons in the polyelectrolyte solution. The
upper curve in Fig. 5 represents the titration of
PVSA with NaOll in agueous solution (in the ab-
sence of extraneous electrolyte). The lower points
have been obtained by the same titration in o.1
mole/1l. LiCl, NaCl and KC1; the lower curve rep-
resents the titration of HC1 at the same concentra-
tion and it is seen that all points determined in the
polyelectrolyte titration in the presence of 0.1 mole/

Potentiometric Titra-
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Table 111

Phase Separation Data for Separation of Cations from Mixed Electrolytes with Common Anion (Cl-}

(a) K+/Na+
o . (K+#/Na#oo (KX Cl)co (Na x Cl)o
C ci- SO»- Na+ K+ K+#Na+ (KVNapeq ;i< X Cl)egq (Na X Cleq
Orig. soln. 1.04 0.62 0.81 0.81 1.00
Equil. lig. 25 1.10 0.14 0.68 0.61 0.90 1.28 1.64 1.28
Coacervate 0.70 2.32 1.37 1.57 1.15
(b) k +/nh4+
t . (KVNHipco (K x cr,, (NH. X Cljco
°c. Cl- SO.- NH4+ K + KVNH.+ (K #NII.9eq :k X cd., (Nil. X Cl/eq
Orig. soln. 1.02 0.62 0.83 0.81 1.03
Equil. lig. 25 1.00 0.21 0.73 0.56 0.76 1.56 1.82 1.16
Coacervate 0.7G 1.82 1.19 1.42 1.19
() RbVNHU
N ) (RbVNILpco (Rb X CPoo fNH. x CDoo
°C. Cl- S0*- nh4+ Rb + RbVNHU (RbvN11,-)«q (Rb X Cl*cj (NH. x Clieg
Orig. soln. 1.53 0.79 0.89 1.42 1.60
Equil. lig. 0 1.72 0.29 0.80 1.19 1.49 1.25 1.31 1.05
Coacervate 1.34 1.74 1.08 2.01 1.86
1 added salts lie on the HCL1 titration curve. The
difference between the two titration curves in Fig. 5
Fig. 5.—Potentiometrie titrations of PVSA: cpwvsa = 4.92
10-3 eq./I.
- lgC,eq/d

Fig. 6.—pH of PVSA as a function of KC1 concentration.

equals 0.26 pH unit and is constant along the whole
titration curve. This parallel shift is characteristic
of ionophoric polyelectrolytesz and reflects the

(28) See A. R. Peacocke and S. Lifson (Bioch. Bioph. Acta, 22, 191

(1956)) for a discussion of a parallel shift in the titration curves in the
much more complicated case of deoxyribonucleic acid.

Fig. 7.—Potentiometric dilution titrations of PVSA (ApH
is the difference between the pH of the PVSA solution and
the pH of a solution of HC1 at the same concentration of
KC1).

fact that the electrostatic potential, which deter-
mines the activity coefficients,2o does not change
in dilute solutions along the titration curve by sub-
stitution of one cation by another. Upon addition
of 0.1 mole/i. neutral salt, the large electrostatic
potential is screened off and the pH values decrease
to those encountered in monomeric electrolytes
(lower curve in Fig. 5). The pH values (within
the limits of the accuracy of the experiments) are
not sensitive to specific interactions of the ions with
the polyelectrolyte molecule. In Fig. s we have
plotted pH of a PVSA solution (4.92 X 10-sequiv./

(29) For a calculation of activity coefficients using polyelectrolyte
models see references 30 and 31.

(30) A. Katchalsky and S. Lifson, J. Polymer S ¢ i 11, 409 (1953).
(31) R. A. Marcus, J. Chem. Phys., 23, 1057 (1955).



678 H.

x+ [/ SOj.

Fig. 8.—Conduotimetric titrations of PYSA with LiOH,
NaOH, KOH and NH40H, at 25°.

100 \ic , eq./l.

Fig. 9.—Equivalent conductances A of solutions of PVSA
and its Li, Na, K, and NH4salts; t = 25°.

1) as a function of the logarithm of KC1 concen-

tration over the range for KC1 = o to KC1 = 0.1

mole/s.

It is interesting to compare the difference in the
behavior of PYSA in Figs. 5 and s with the titra-
tion behavior of a typical ionogeniciz polyelectro-
lyte, PMA,s2 which already has been discussed by

(32) A. Katehalsky, N. Shavit and H. Eisenberg, J. Polymer Sci.,
13, 69 (1954).
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Fig. 10.—Reciprocal viscosity numbers c/i/sp of aqueous
solutions of PVSA at 25°.

XV S03-.

Fig. 11.—Viscometric titrations of PVSA with various bases
XOH (X = Li, Na, K and NH4); t = 25°.

Kern and Schulz.o Whereas in PMA, at half
neutralization, the pH may change by a few pH
unitssz upon increasing the ionic strength, the maxi-
mum ch,ange in the pH observed in the case of PVSA
is of the orders of a few tenths of a pH unit. This is
due to the fact that, whereas in an ionogenic poly-
electrolyte the electrostatic potential participates
in the dissociation equilibrium of the polymeric acid
and effectively reduces the availability of protons
in solution by the chemical reaction COO“ + H+ <zt
COOH, in the case of PVSA only she activity co-
efficients of the protons are influenced by the elec-
trostatic potential, and not their concentrations.

In Fig. 7 we have plotted ApH (pH of the PVSA
solution minus pH of an HC1 solution at the same
concentration of acid and of KC1) of PVSA solu-
tions as a function of concentration of PVSA. It
is seen that (a) ApH is practically identical in
aqueous and 10- 4 mole/l. KC1 solutions over the
whole concentration range, (b) ApH in these solu-
tions increases with decreasing concentration and
then decreases with further decrease in concentra-
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tion and (¢) ApH in 10_: mole/l1. KC1 is practi-
cally equal to zero and very slightly increases at
higher concentrations.

Conductance Measurements in the Absence of
Added Electrolytes—In Fig. ¢ we have plotted
conductivity titrations of PVSA with LiOH, NaOH,
KOH and NHs at 25°, which again bring out the
essential features of the titration of a “strong”
acid with three “ strong” and one “weak” (NH3
bases. The equivalent conductances A, though,
are much lower than in simple ionophoric electro-
lytes and the titration curves exhibit a slight
curvature.

In Fig. 9 the values of A of PVSA, and its neutral
salts, have been plotted (for convenience) against
y/c. It is seen that while the equivalent conduct-
ances of the neutral salts show the familiar increase
with decrease in concentration as observed in iono-
phoric polyelectrolyte systems,ss the equivalent
conductance of PVSA goes through a minimum with
decrease in concentration. Also, while it was founds
that for PMA the changes in A for pairs of the three
counterions (K+, Na+ and Li+) could be repre-
sented by the difference in the limiting equivalent
counterion conductance X°x+— X +multiplied by
a constant 4>smaller than unity ($ is independent
of the concentration and of the nature of the coun-
terion), no such regularity exists in the case of PVSA.
Indeed the conductance of NH4PVSA is signifi-
cantly higher than that o: K-PVSA although
X°nha+— X’k +~ 0; an examination of Table IV in
which

0 = (APVSA —Ay PVSa)/(V x+ — Ay

is shown for the ion pairs investigated (c = 16 X
10-4 equiv./l.), brings out clear effects of specific
interactions. The irregularity in the values in
Table 1V is due to the fact that the curves in Fig. 9
for K+ and Na+ (ions for which specific interac-
tions are expected) are shifted to lower values of A
with respect to the curves for H+, NH4+ and Li+
(ions for which no evidence of specific interactions
has been detected).

Table IV

pVaIues from Conductance Measurements of PVSA,

with Various Cations, in Salt-Free Solutions*”

—nh4+ —K+ —Na+  —Li+
0.319 0.326 0.324 0.313
n h 4+ Very large 0.382 0.323

K + 0.294 0.264
Na+ 0.202

= 16 X 10 4equiv./L Apvsa = 125.0; Anhi- pvsa

= 36.9; Ak-pvsa = 34.9. Ans pvsa = 28.0; Al;_pvsa =

25.7.

Viscosity Measurements.—The viscosity num-
bers of PVSA in water increase with decreasing
concentration in a manner similar to all poly-
electrolytes; no maximum in the curve has been
found down to the lowest concentrations investi-
gated (2 X 10-esequiv./l.). The reciprocal viscos-
ity numbers have been plotted against y/cin Fig. 10
in the familiar Fuoss plot.sa The plot is linear
over a wide range of concentrations and shows up-
ward curvature below 4 X 10-4 equiv./l. The

(33) R. MacFarlane, Jr., and R. M. Fuoss, J. Polymer Sci., 23, 403

(1957).
(34) R. M. Fuoss, Disc. Faraday Soc... 11, 125 (1957).
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Fig. 12.—Viscosity numbers rg¢sp/c of solutions of PVSA as
a function of concentration of added electrolyte XC1 (X =
Li, Na, K and NH4): t = 25°,

Fig. 13.—Viscosity numbers ysp/e of solutions of X-PVSA
at 0.5 mole/1. of added electrolytes XC1 (X = Li, Na, K, Rb,
Csand NH4); t = 25°.

values of vsp/c, particularly at low polymer concen-
trations, are much larger than would correspond to
non-interacting, stretched rods. Quantitative dis-
cussion is postponed until data on discrete polymer
fractions will be available.

In Fig. 11 viscometric titrations of aqueous solu-
tions of PVSA with a number of bases have been
plotted. With LiOH the viscosity increases up to
the equivalence point and sharply drops with further
addition of base (screening effect due to extraneous
electrolyte). With NaOH the viscosity is nearly
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constant over the whole neutralization range, a
slight drop is registered over the same range with
NH5 and a pronounced decrease with KOH.

The influence of added electrolytes on the vis-
cosity has been tested by addition of various elec-
trolytes to a solution of PVSA (Fig. 12); the vis-
cosity drops sharply with increase in added elec-
trolyte concentration. The order of viscosities in
the various electrolyte solutions is LiCl > NacCl,
NH4Cl > KC1.

Clear cut evidence of specific interactions is
shown in Fig. 13 where »goc of salts of PVSA with
various cations has been plotted against polymer
concentration, in the presence of 0.5 mole/1. added
electrolyte concentrations. The order of the vis-
cosities exactly follows the pattern exhibited in the
phase separation experiments. In the presence of
LiCl, [v]is highest and decreases by a factor of 3 for
KC1, NaCl being intermediate. With RbCI the
viscosity is higher than for KC1, being nearly iden-
tical with the solutions in NaCl. In CsCl there isa
further increase in viscosity and about the same
values are obtained for NH4CIl. Figure 13 may be
interpreted in a straightforward manner. The
phenomenon of phase separation has been shown to
be due to specific interactions of the polyelectro-
lyte ion with various counter and co-ions. It may
be assumed that solutions of electrolytes (such as
LiCl, CsCl and NH4C1) in which no phase separa-
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tion occurs are better solvents than solutions of
electrolytes (such as RbCI, NaCl and particularly
KC1) in which phase separation does occur. It is
known from non-ionic polymersss that in good sol-
vents more extended configurations of the macromol-
ecules are favored, leading to higher values of 7g¥/c
and [-], In poor solvents, and particularly near
the phase separation point, the polymeric coils as-
sume a more compact shape, corresponding to their
“unperturbed- s dimensions. This is exactly the
result exemplified in Fig. 13 in which the viscosi-
ties are shown to follow the order LiCl > NaCl >
KC1 < RbCI < CsCl, NH4Cl, in direct correlation
to the order in which phase separation occurs
with the same electrolytes.

We have also measured [7] of Na-PVSA in 1.0
and 0.5 mole/i. of Na:S04; it was found that the

two values were identical [i7] = 4.0 l./equiv. At
0.1 mole/i.of NaSO0a4 [7] = 6.0 l./equiv.
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Adsorption data for the interaction of krypton with evaporated films of iron, copper, sodium and tungsten at 75°K.

have been obtained.

Krypton isotherms on sodium films treated with oxygen and water vapor are reported.
energies are determined and compared with those predicted by several dispersion force theories.

Interaction
It is found that the Kirk-

wood-Muller equation is the most suitable of the theories considered and that it yields semi-quantitative agreement with

experiment for both metallic and non-metallic adsorbents.

It is possible to predict the general form of isotherms of the

rare gases on homogeneous surfaces by using Kirkwood-Muller energies in an isotherm equation developed by Singleton

and Halsey.

I. Introduction

Metallic Interaction Theories.—Lennard-Joness
assumed a metal to be ideally polarizable and
derived for the interaction of a rare gas atom with
a metal surface the expression

mc2x

~2 XRr (1)

where m is the mass of an electron, c is the velocity
of light, R is the distance between the surface and
the gas atom, and %is the diamagnetic susceptibil-
ity of the gas.

(1) This research was supported in part by the United States Air
Force through the Air Force Office of Scientific Research of the Air
Research and Development Command under contract No. AF 18(600)-
987.

(2) Presented in partial fulfillment of the requirements for the degree
of Doctor of Philosophy.

(3) J. E. Lennard-Jones, Trans. Faraday Soc., 28, 333 (1932).

E*L

Bardeens modified the Lennard-Jones theory
to take into account the interaction of the electrons
in the metal. He obtained the expression

p* = £* v Ke*/2rl
B 8 AL+ Kes2rl (2)
where e is the charge of an electron, K is a numeri-
cal constant approximately equal to 2.5, ris the ra-
dius of a sphere in the metal containing one con-
duction electron, aOis the atomic polarizability and
| is the ionization potential of the gas.

Margenau and Pollards showed that a metal
could not be considered ideally polarizable when
interacting with a system whose resonant frequency
was in the far-ultraviolet. They assume the con-
duction electrons in the metal to be “free” and

(4) J. Bardeen, PlLys. Rev. 58, 727 (1940).
(5) H. Margenau and W. G. Pollard, Ibid, 60, 128 (1941).

Cornell
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hence, the metal behaves as though it were nega-
tively polarizable. They derive the expression

€20 /K _ hmp\ 1 3
16 \r rtiro/ R3 3

where h is Planck’s constant, nOis the number of
conduction electrons per cc. of the metal, and Wis
the resonant frequency of the gas.

Non-metallic Interaction Theories.—Polanyis
showed that the dispersion interaction energy of a
rare gas with a solid surface was

gx = WNC %

6 XR3 )
where N is the number of atoms per cc. of the
solid, R is the perpendicular distance of the gas
atom from the surface of the solid, and C is a pro-
portionality constant. The constant C has been
approximated theoretically by several workers.
Those theories considered in this work are due to
London,7 Slater and Kirkwood,7 and Kirkwood and
Muller.ss

London derived for C the expression

E*MP

Cr=bLX |4 (,-Zx ai«2 (5)

where the I's and a’s are the ionization potentials
and the polarizabilities of the atoms.

Slater and Kirkwood obtained for C the expres-
sion

=3 X f X ()
~ U
(sr+e)
where the n’s are the numbers of electrons in the
outer shells of the atoms.

Kirkwood and Muller modified the Slater-Kirk-
wood expression to remove the quantity n. They
used the atomic property of diamagnetic suscepti-
bility and obtained

Ckm = 6m020|a_ij:%-2 )
Xl X2

where the x’s are the diamagnetic susceptibilities of
the atoms. Note that throughout this paper posi-
tive energies denote attraction.

The Adsorption Isotherm Equation.—Singleton
and Halsey have derived the equation

e -9 (s)

nXT

for adsorption of a crystalline adsorbate. Here p
is the pressure of the adsorbate in equilibrium with
the adsorbed layers, pOis the saturation vapor pres-
sure of the adsorbate at the temperature (T) of the
isotherm, n is the number of adsorbed layers, k is
the Boltzmann constant, Et is the interaction en-
ergy in the first layer exclusive of the short range
forces, wis the lateral interaction energy and g is a
“compatibility factor.- 10

To obtain a continuous isotherm, the integral
number n can be replaced by the continuous vari-

(6) M. Polanyi, Trans. Faraday Soc., 28, 316 (1932).

(7) H. Margenau, Rev. Modern Phys., 11, 1 (1939).

(8) J. G. Kirkwood, £. Physik, 33, 57 (1932).

(9) A. Muller, Proc. Roy. Soc. (London), A154, 624 (1936).

(10) J. H. Singleton and G. D. Halsey, Jr., Can. J. Chem., 33, 184
(1954).
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able 6, the fraction of the surface covered. This
yields the equation

v E, w . .
Npo ~ ek f + kT N n N

11. Experimental

Dosage Measurement.—The dosage measuring system
was composed of two parts: a thermostated gas buret and a
high precision mercury McLeod gauge.

The mercury menisci of the McLeod gauge were illumi-
nated from behind with soft lighting and were observed with a
cathetometer which could be read to 0.01 mm. All meas-
urements were corrected for the density of mercury and for
the compression effect. Pressure measurements from
0.0010 + 0.0005 mm. to 2.000 + 0.001 mm. could easily
be made and were reproducible. This gauge used in con-
junction with the gas buret permitted measurements of gas
volumes as small as 0.050 + 0.005 microliter (STP).

Pressure Measurement.—Rosenbergll has described a
precise manometer utilizing a thermistor as the sensing
element. His circuitry has been used in this work with
almost no modification. The thermistor bead, suitably
mounted in a lead glass capsule, was obtained from Western
Electric (catalog number D-176255). The capsule was
joined to the Pyrex system through a graded seal. The
gauge and all its electrical contacts were maintained at
27.40 + 0.02° in a constant-temperature oil-bath. The
potential measurements were made with a Leeds and
Northrop type K-2 potentiometer along with a Leeds and
Northrop type R galvanometer.

The gauge was calibrated by comparison with the pre-
cision McLeod gauge. It was found to give highly repro-
ducible pressure-voltage curves and the measured pressures
were precise to better than 0.5% from 1Q~2to 1 mm. and
better than 1to 2% from 10 _4to 10“2mm.

The saturation vapor pressures of krypton were measured
with a small McLeod gauge, especially constructed for
pressures from 0.1 to 1.0 mm. The mercury menisci wére
illuminated from behind and observed with a cathetometer.
Pressures could be read to £0.003 mm.

Saturation vapor pressures of argon were measured with a
standard U-tube manometer constructed from twelve
millimeter Pyrex tubing. The menisci were read with a
cathetometer.

The Adsorption Cell.—The cell was similar to that used
by Kington and Holmes12except that it was cylindrical in-
stead of spherical. The bulb was constructed from Pyrex
tubing; the tungsten leads were brought through uranium
glass seals. The volumes of the cells were usually about
8 or 9 cc.

Evaporations were made from either a hairpin filament of
the parent metal or from a tungsten helical filament on
which the metal was previously vacuum melted. The
second method was necessary to deposit heavy copper films.

The cell and filament were first baked at 450° for at least
ten hours under vacuum. It then was placed jn a dewar
containing either an ice-water mixture or liquid nitrogen
and the filament heated to the temperature of the evapora-
tion. It was found that a large amount of gas was evolved
from the filament, therefore it was necessary to continue
pumping through the first part of the evaporation. The
evaporation rate was kept low, so that the filament should
be thoroughly degassed at the evaporation temperature.
When the pressure in the system during the evaporation
became less than 10~5mm., the adsorption system was iso-
lated from the pumps and the evaporation continued.

The sodium films were produced by distilling sodium
metal into the adsorption cell and then sealing off the dis-
tillation pot. The sodium was triply distilled in vacuo be-
fore distilling it into the cell.

The sodium oxide film was prepared by oxidizing a sodium
film with oxygen. The sodium hydroxide film was prepared
by permitting the sodium oxide film to react with water
vapor. The water vapor was supplied by the dehydration
of a quantity of BaCl22HD which had been introduced into
the system.

The Cryostat.—The cryostat was of the usual design.13
The temperature was maintained by an argon vapor pres-

(11) A.J. Rosenberg, J. Am. Chem. Soc., 78, 2929 (1956).

(12) G. L. Kington and J. M. Holmes, Trans. Faraday Soc., 49,
417 (1953).

(13) W.J. C. Orr, Proc. Roy. Soc. (London), A173, 349 (1939).
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P/No
Fig. 1.—Krypton-iron adsorption isotherms determined
at 75°IC. for films annealed at 70° (open circles) and at 480°
(filled circles).

[
I 1—1_ 1 s+ L L_1 1
0 0.2 0.4 0@ 0.8 1.0
vivO

Fig. 2—Krypton-copper adsorption isotherms determined
at 75°K. for films annealed at —195° (filled circles) and at
25° (open circles).

sure thermometer which actuated a relay-controlled valve.
When this valve was open a mechanical oil pump pumped
on the liquid nitrogen causing the bath to cool.

The temperatures were measured with either an argon
vapor pressure thermometer using the vapor pressure data
of Clark, Din and RobbXor with a krypton vapor pressure
thermometer using the data of Fisher and McMillan.B
Temperatures were maintained to +0 05°K. at 74.90 and
68.80°K. As a precaution to avoid errors caused by tem-
perature fluctuations, measurements of po were made si-
multaneously with measurements of p.

Materials.—One-millimeter thin-walled capillary tubing
was used in the adsorption system to keep the dead space at
room temperature to a minimum. Two very small traps
were placed in the system and were kept at Dry Ice-acetone
temperature.

Spectroscopically pure gases obtained from Air Reduc-
tion Sales Company in Pyrex flasks were used without fur-
ther purification. Spectroscopically pure iron and copper
wire obtained from Johnson, Matthey and Co., Limited,
London, England, were used.

Dead Space Determination.—The dead space of the sys-
tem was made in two parts: first the dead space of the traps,
gauge and connecting tubing was determined and then the
volume of the cell was determined.

Krypton interacts quite strongly with glass at liquid
nitrogen temperature making it impossible to use this gas
to determine the dead space. Krypton was used to deter-
mine the volume of the cell at the ice-point from which the
dead space factors for the temperatures of the experiments
were calculated.

(14) A. M. Clark, F. Din and J. Robb, Physica, 17, 87G (1951).
(15) B. B. Fisher and W. G. McMillan, Tins Journal, 62, 494
(1957).
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The thermal transpiration corrections were made with the
equation proposed by Bennett and Tompkins.16

Adsorption on Glass.—Krypton isotherms were deter-
mined on the glass cell prior to the evaporation of the metal.
These isotherms along with estimates of the fraction of the
cell uncovered by the film after the evaporation were used to
correct for the amount of gas adsorbed on the glass. These
corrections are about 20% of the amount of gas adsorbed on
the metal in the case of the thin films of iron and copper;
they are relatively small for the heavy copper and tungsten
films and for the sodium films.

Test of Apparatus.—In order to determine whether or
not measurements made with this apparatus on very small
surface area samples in a large dead space were consistent
with measurements of large surface area samples in a rela-
tively small dead space, a separate test was performed.
A sample of P-33 carbon black having a total surface area
of about 50 sq. cm. or about one-quarter that of the lowest
surface area film used in this work was placed in a typical
adsorption cell and a krypton isotherm determined. This
isotherm did not differ by more than about 5% at the most
difficult part of the isotherm, that is, at high coverages,
from the isotherm of krypton on a gram sample of P-33 made
by Singleton and Halsey.T

I11. Results

Iron Experiments.—Three iron films were produced. In
each case the cell was kept in an ice-bath during the evapo-
ration. The first film weighed 2.0 mg. and krypton iso-
therms were determined on it as a function of the annealing
temperature. The BET area of the film annealed at 0° was
700 sg. cm. or 4.7 times the BET area of the glass cell before
the deposition; the film annealed at 70° was 3.5 times that
of the cell and the film annealed at 480° was 1.1 times that of
the cell. Figure 1 shows the isotherms are plotted as a
function of the fraction of the surface covered. Notice that
the isotherm for the sintered film has developed a step-like
structure, which is an indication of increasing homogeneity.

The second film was sintered at 480° immediately after
deposition. This film weighed 3.4 mg. and had a BET area
1.2 times that of the glass. The third film, which was
treated exactly as the second, weighed 3.4 mg. and had a
BET area 1.2 times that of the glass cell.

The interaction energy, E\/KT, was determined from the
position of the steps passing through the values of 9 equal
to 1.5and 2.5. The average value was 8.7 + 0.5; the com-
patibility factor, g, was 0.96.

Haul and Swarti8found step-formation in the isotherm
of krypton on iron crystals which they formed by the reduc-
tion of the oxide with hydrogen. Their data treated with
equation 9 gave Ei/kT equal to 7.8. They observed two-
dimensional condensation at 77°K. while in the present
work no evidence of it was found even at 69°K. They
observed no hysteresis in their work indicating that they
had a non-porous solid. The slightly porous films used in
this work may have introduced enough heterogeneity to
suppress the tw'o-dimensional condensation.

Copper Experiments.—Three copper films were deposited.
The first weighed 2.9 mg., had a BET area 1.2 times that
of the cell and was evaporated while the cell was in an ice-
bath. This film had a step-like structure and showed a
little desorption hysteresis.

A second film weighing 93.7 mg. was deposited while the
cell was immersed in liquid nitrogen. A krypton isotherm
was determined immediately, then the film was allowed to
warm to room temperature and the isotherm repeated. The
unsintered film had an area one hundred times that of the
sintered film, which in turn had an area 3.5 times that of the
glass cell. The isotherms, plotted as a function of the frac-
tion of the surface covered, are shown in Fig. 2.

The third copper film weighed 3.7 mg., was deposited at
78°K. and immediately sintered by warming it to room tem-
perature. The krypton BET area of this film was 1.5 times
that of the cell. Argon isotherms were determined up to
p/po of 0.02 (Fig. 3). Neither krypton nor argon showed
signs of a two-dimensional phase change.

(1G) M. J. Bennett and F. C. Tompkins, Trans. Faraday Soc.., 53,
185 (1957).

(17) J. H. Singleton and G. D. Halsey, Jr., This Journal, 59,
1011 (1954).

(18) R. A. W. Haul and K. R. Swart, Z. Elektrochem., 61,
(1957).
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Ei/KT determined for the krypton was 9.4 = 0.4; the
compatibility factor was 0.96. Ei/KT was estimated for
argon to be about 7.5; no estimate of gcould be made.

Sodium Experiments.—Two sodium films were deposited.
In each case the cell was at room temperature. The film
weights were not determined. Krypton isotherms are
shown in Fig. 4. No adsorption was found within the ex-
perimental error of these investigations. No estimate of the
interaction energy (other than it appears to be negative)
could be made.

The second sodium film was oxidized at room tempera-
ture using pure oxygen. The film immediately lost its luster
which indicated that a reaction had taken place. Krypton
was not adsorbed on the sodium oxide film (see Fig. 5).

The sodium oxide was then treated with water vapor at
room temperature. A krypton isotherm determined imme-
diately after the reaction showed a slight hump at its very
beginning, but this hump disappeared when the film was
annealed at 70°. The hump probably was due to a small
amount of water which remained on the surface. The iso-
therm for the annealed film is shown in Fig. 5.

Ei/KT for krypton on NaOH was 1.0; the compatibility
factor was 0.99.

Tungsten Experiments.—A tungsten film was deposited
at 0°. It weighed 20.3 mg. and had a BET area 30 times
that of the glass cell. The film was annealed at 450°, but
this was insufficient to sinter the film. The krypton iso-
therm shows faint indications or step formation but not
sufficient to warrant the use of equations 8 or 9. Ei/KT was
estimated to be around 15 (see Fig. C).

IV. Discussion

Physical Properties of Substances.—To make the
calculations which follow, it was necessary to com-
pile a list of the appropriate physical properties of
the substances to be considered. In certain cases
where no experimentally determined values were
available, estimations based upon either observed
related properties or theoretically calculated prop-
erties were made.

In those cases where the diamagnetic suscepti-
bility was not available but where the index of
refraction or the polarizability was, the Kirkwood
formulas

eWoo ,
avicz (M2O'A

(10)
was used, where x is the diamagnetic susceptibility
e and m are the charge and mass of an electron, c is
the velocity of light, n is the number of electrons, ao
is the Bohr radius and ao is the atomic polarizabil-
ity. Fisher and McMillanie and these authors,
have found equation 11 to be quite satisfactory in
the case of spherically symmetrical atoms or mole-
cules. The expression was used to calculate the
diamagnetic susceptibility of iron, tungsten and
oxygen. These were the only cases where better
estimates could not be found in the literature.

Sodium metal is feebly paramagnetic. In this
case the diamagnetic susceptibility of sodium ion,
which has been determined experimentally, was
used.

Copper metal is diamagnetic, but the measured
susceptibility cannot be used as the diamagnetic
susceptibility of copper atoms. Copper is diamag-
netic because of the diamagnetic contribution due
to the filling of the d shell is greater than the para-
magnetic contribution of the free electrons. The
susceptibility listed in Table I was obtained from
the theoretical estimate for copper ion.

The polarizabilities of copper, iron and tungsten

(19) B. B. Fisher and W. G. McMillan. J. Chem. Phys., 28, 562
(1958).
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p/po X 10s.
Fig. 3. —Argon-copper adsorption isotherm determined at
69°K. on film annealed at 25°.

0 0.2 0.4 0.6 0.8 1.0
p/po.
Fig. 4—Krypton-sodium adsorption isotherms determined
at 75°K.
0 0.2 0.4 0.6 0.8 10
P/Po-

Fig. 5.—Kr3'pton-Na (filled circles) and krypton-NaOH
(open circles) adsorption isotherms determined at 75°K.

were calculated from the index of refraction of the
metals at long wave lengths.

Self-interaction Energies.—Equations 1 to 7
yield the energy of interaction E* between an ad-
sorbed atom and asolid. When the calculated inter-
action energy is divided by kT, a dimensionless
quantity is obtained which may be compared with
the experimentally determined Ei/KT from equa-
tions s and 9 if it is first modified to account for the
other atoms in the adsorbed phase. Because the
equilibrium pressure over the adsorbent p is di-
vided by the reference-state pressure pQ E\ repre-
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Fig. 6—Krypton-tungsten adsorption isotherms determined
at G9°K. on film annealed at 450°.

Tabte |

Physical Properties op Substances

. P%I_a}riza— S%s_lc_epti- IontizaEi_oT
Molecule ?;r/]cscl? (X I1|Ot34/1) (X —I |t£/0») pO(ee.c.)Ia
Ne 1.20¢ 0.396 1.17« 25.7%
Ar Fes™ 163 3.24' 17.5"
Kr 2.90* 2.46* 4.65* 14.7*
Xe 3.56* 4.00* 7.04' 122
n2 0.8P 1,74t 2.00' 15.8*
02 1.14/ 157* 257 13.6*
ch4 0.4P 2.58* 6.67/ 14.1*
Na 0.97 29.7* oo™ 2.08*
Cu 8.92d 2.14" 217" 7.68/
Fe 7.86" 1.13* 2.79r 7.83/
w 19.3* 3.00" 7.63" 8.P
C 2.24" 102" 3.79¢ 11.27
Na 2.27* 2.7P 3.83”
NaOH 2.13d 1.65' 3.93/
NaBr 3.2P 4.60/ 8.06'
Agl 5.67" 9.28" 13.6"
CaF2 3.1S* 253/ 4.68“
KCI 1.98' 4.32/ 6.40'

““The American Institute of Physics Handbook,” Mc-
Graw-Hill Book Company, Inc., New York, N. Y., 1957.
*H. Margenau, Rev. m Phys., 11, 1 (1939). 'E. C.
Stoner, “ Magnetism,” Methuen and Co., Ltd., London,
1948, p. 38. “ “International Critical Tables,” Vol. | and
1V, McGraw-Hill Book Co., Inc., New York, N. Y., 1926-
28. <“Handbook of Chemistry,” 6th ed., Handbook
Publishers, Ine., Sandusky, Ohio, 1946. | “Handbook of
Chemistry and Physics,” Chemical Rubber Publishing
Co., Cleveland, Ohio, 1949. 0J. W. Mellor, “A Compre-
hensive Treatise on Inorganic and Theoretical Chemistry,”
Longmans, Green and Co., New York, N. Y., 1939, Vol.
X1. 4J. R. Partington, “ An Advanced Treatise in Physi-
cal Chemistrv,” Vol. Ill, Longmans, Green and Co., Inc.,
New York, N. Y, 1952, p. 149. *K. E. Mann, Z. Physik,
98, 548 (1936). ' J. H. Van Vleck, “The Theory of Elec-
tric and Magnetic Susceptibilities,” Oxford University
Press, London, 1932, p. 225. J. G. Kirkwood, PhySIk.
Z., 33, 57 (1932). “ Approximated by the value of Na
ion from c¢. * Approximated by the value of Cu ion from J.
VCalculated from the Pascal summing rule from C. Cal-
culated from the polarizability using the Kirkwood formula
from All polarizabilities except from reference b are
calculated from the refractive indices.

sents the energy in excess of that which would cause
the condensation of the adsorbate. This excess
energy arises from the presence of a semi-infinite
thickness of adsorbent. By introducing the adsorb-
ent, a semi-infinite thickness of adsorbate had to be
removed. Ex therefore, will be given by subtract-
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ing the energy of self-interaction Es from the en-
ergy of interaction E*.w

The London expression for the self-interaction
energy is

= | £*X ha, (11)
where Nt, I, and a, are the number of atoms per cc*
in the bulk adsorbate, the ionization potential and
the atomic polarizability of the adsorbate, respec-
tively. D is the distance the atom is from the sur-
face. The subscript 2 will refer to the adsorbate
and 1 will refer to the adsorbent.

The Slater-Kirkwood self-interaction energy is

ehN, .,

Bk 16”MD3aI/m,:V" (12)
where his Planck’s constant and nz is the number of
electrons in the outer shell of the adsorbate atom.

The Kirkwood-Muller equation yields

WntN

Z2£)3- %2 (13)

L KM =
where c is the velocity of light and «2 is the diamag-
netic susceptibility of the adsorbate.

Before the above equations may be used, the dis-
tance D must be evaluated. Equation s refers to
atoms at large distances from the surface. This dis-
tance will be very nearly equal to some multiple of
the distance separating adjacent parallel planes of
atoms in the bulk adsorbate ..o D is, therefore, the
distance between the adjacent parallel planes which
for close-packed crystals is equal to the square-root
of two-thirds times the lattice parameter.

Table Il lists the calculated energies of self-in-
teraction for various gases. The self-interaction
energy should be approximately one-half the heat
of condensation. Notice that only the Kirkwood-
Muller energies are comparable to those to be ex-
pected. Fisher and McMillanis found that the
Kirkwood-Muller expression gave better energies
for the interaction of pairs of atoms than did the
London expression.

Tabte Il
Self-interaction Energies (E*/kT)a
Slater— Kirk-
Kirk- wood— ‘MAH/
Gas London wood Muller RT)b

Neon 0.4 0.7 0.9 1.4«
Argon 2.3 3.0 5.3 6.P
Krypton 3.1 4.1 8.4 8.4"
Xenon 1.9 2.4 5.8 5.6"
Methane 2.3 3.0 9.2 7.3¢
Nitrogen 2.9 1.3 4.3 4.4«
Oxygen 2.4 5.6 6.5 5.4'

“ All values are for 75°K. except those of xenon which are

for 160°K. 6Obtained from the “American Institute of
Physics Handbook,” McGraw-Hill Book Co., Inc., New
York, N. Y., 1957. 'From the heat of vaporization.

“ From the heat of sublimation.

Interaction of Metals.—In Table Ill under the
column headed Lennard-Jones (a) the energies were
calculated using

Ei mc*x2  E‘'km

KT ~ 2DXT KT k
where Eskm was obtained from the Kirkwood-
Muller expression. The first term is due to Len-
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nard-Jones. The use of the diamagnetic suscepti-
bility yields energies that are too high by a factor of
four.

The column labeled Lennard-Jones (b) was cal-
culated using

_ _ E'KM .
KT sDKT KT 11

The first term is the image force potential derived
by Lennard-Jones but using polarizabilities and
ionization energies instead of the diamagnetic sus-
ceptibilities. This expression was used by Bar-
deen.s Equations 14 and 15 give interaction ener-
gies that are independent of the nature of the metal.

The fourth column, headed Margenau and Pol-
lard was calculated with the expression

B ezaa (K _ hg\ _ Eam

KT  16DKT\r xww KT

This expression gives energies that are too low by a
factor of about three or four. Notice, however,
that the nature of the metal has been taken into
consideration, sodium has about one-third the in-
teraction energy as those of the other metals.

The Bardeen energies, column five, were calcu-
lated with the equation

=] aJi w KeZorli Esm .-,
KT ~sD’)KT 1+ Ke*/2rh KT { >

This treatment distinguishes between the various
metals, but yields values of EiZkT that are too low
by a factor of six or seven. It predicts that kryp-
ton is energetically incompatible with sodium, but
does so also for oxygen on carbon.

The sixth column lists the energies calculated
with the Kirkwood-Muller expression

E inrcNi aioti E'xm
KT ~ DXT x + KT

El O lili

where Ni is the number of atoms per cc. of the ad-
sorbent. This equation correctly predicts the en-
ergetic incompatibility of the krypton-sodium
system; it places all the metals and carbon in the
correct order of interaction strength; and it is
within about 20 or 30% of :.he experimentally de-
termined Ei/kT'’s.
The London values, column seven, were calcu-
lated with the expression
Ei _ VNi 1Ji _ E'L (19)
KT ~4D%T x Q@ XL+ h KT
The Slater-Kirkwood values, column eight, were
calculated with
Ei ehNi v ffic2
KT ~ 8M/ADKT x +

E"s i<)n

KT ’

Notice that in equations 19 and 20 the self-interac-
tion terms were obtained from their respective
treatments. These treatments give better agree-
ment with experiment than do either the Lennard-
Jones, the Bardeen or the Margenau and Pollard
treatments. They are not as satisfactory as the
Kirkwood-Muller treatment.

It is apparent that metals cannot be distinguished
as a class from non-metals by means of physical ad-
sorption. Theories developed especially to ac-
count for metallic properties fail to agree with ex-
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periment; those developed to account for simple in-
teractions between atom pairs succeed or at least
give better agreement with experiment than do the
others.

Because metals behave as though they were
made up of isolated atoms, a comparison of the
London, the Slater-Kirkwood and the Kirkwood-
Muller treatments should be possible. Examination
of the last four columns of Table 111 clearly shows
the superiority of the Kirkwood-Muller expression
for the calculation of physical adsorption energies.
Since the London expression was derived using per-
turbation theory, it should give energies that are
too low. The Slater-Kirkwood expression derived
using variation theory should give the upper limit
of the energy, while the Kirkwood-Muller expres-
sion, a modification of the Slater-Kirkwood expres-
sion, should give, because of the use of diamagnetic
susceptibilities, even higher energies. In all three
expressions only the dipole-dipole interactions are
considered, while interactions due to quadrupoles
and higher symmetries are not included. Dipole-
quadrupole interactions contribute up to a quarter
or a half of the dipole-dipole interactions.z The
London and Slater-Kirkwood equations are usually
thought of as giving approximate adsorption ener-
gies because it is assumed that the repulsive forces
counterbalance the forces due to the higher term
attractive interactions. Because the repulsive
term drops off more rapidly with distance than
the other terms, it would be expected that at mod-
erate distances from the surface (as obtained from
equations s and 9), the quadrupole interactions still
contribute to the adsorption energy while the re-
pulsive term has become negligible. Thus, a the-
ory which yields more or less correct values for the
dipole-dipole interactions ewill yield adsorption
energies that are too low. The Kirkwood-Muller
expression, which is too large to account for the
dipole-dipole interactions, fortuitously gives ap-
proximate or semi-quantitative agreement with ex-
periment for the adsorption energy at high cover-
ages.

Interaction of Non-metals.—Table IV sum-
marizes several investigations of rare gases ad-
sorbed on non-metals. Notice that krypton on
sodium oxide and xenon on calcium fluoride are
predicted to be energetically incompatible, whereas
they are found to exhibit a type 111 isotherm. The
isotherm of xenon on calcium fluoride is the usual
type 111 isotherm with adsorption starting at low
p/pn, but not showing very much adsorption until
V/\Vo equal to about 0.50. The kiypton-sodium
oxide isotherm, however, is a very severe type 111
isotherm showing no adsorption until p/pc equal
to about 0.9. In either case the onset of adsorp-
tion could be the result of heterogeneity, capil-
larity or an entropy effect. The calculated
values of ExXKT obtained from the Kirkwood-
Muller formula for the rare gases on non-metals,
including these containing more than on atomic spe-
cies is in general very satisfactory.

Table V compares the calculated and observed
values of Ei/kT for polyatomic adsorbates. The
calculated values for liquid nitrogen and liquid
oxygen on ionic substrates are always low. This
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Tabtrte I11
Gas-M etal Interaction Energies (E{/KT)
Lonnard- Lennard- Margena.!— Kirkwood- Slater-

System Jones* Jonesft Pollard Bardeen Mllcr London Kirkwood Exptl '
Na-Kr 41.6 10.7 11 -1.2 -4.0 3.4 6.7 _?
Cu-Kr 41.6 10.7 2.9 0.5 11.5 5.7 5.6 9.4
Fe-Kr 41.6 10.7 21 16 8.6 1.7 21 8.7
W-Kr 41.6 10.7 2.9 11 25.7 6.5 5.0 15.0
C-Kr 41.6 10.7 2.9 0.9 14.4 4.0 4.4 8.0
Cu-Ar 38.0 12.7 4.3 2.3 10.0 3.9 5.2 7.5d
G-Ar 38.0 12.7 5.0 2.7 13.3 2.6 5.1 11.0
c-n2 18.4 11.0 45 0.9 8.3 16 6.6 6.8
C-02 28.5 7.0 2.0 -4.0 10.4 1.7 2.7 11.0

“ Using diamagnetic susceptibility in file image force expression.

the image force expression.
ated at d = Vjin the first layer.

might be expected because diatomic molecules have
permanent electric quadruples. Drainzo calcu-
lated that the quadrupole interaction of N2 with
KC1 would be of the order of 800 cal./mole. This
correction added to the Kirkwood-Muller energy
would make the predicted Ei/ZkT equal to 4.0 as
compared to the experimental value of 5.3. No val-
ues of the quadrupole interactions for the other
systems in Table V were available.

' Determined using either equation 8 or 9.

6 Using polarizability and ionization energy data in
d Determined using (Ei/kT) — —in(P/Po) evalu-

For krypton on sodium and on sodium oxide and
for xenon on calcium fluoride, it is predicted that no
adsorption would take place or at most a type 111
isotherm might be observed. It is found that so-
dium does not adsorb krypton and that Kr-Na2
and Xe-CaF:2 give type Il isotherms. For argon
on Agl, copper and carbon and for krypton on cop-
per, iron, tungsten and carbon the predicted first
step is at very low p/pa and this is found experi-
mentally. It should be mentioned that because
the self-interaction energy of water (ice) is ex-
tremely high owing to hydrogen bonding, the above
theory would predict that water would not be ad-
sorbed by any solid to which it could not at least

Tabte V

Interaction Energies (E,/kT)of Polyatomic

Adsorbates with Non-metals

Tabre IV
R are Gas-N on-metal Interaction Energies
(E./ZKT)
Kirkwood-

System Muller Exptl.“
Nad-Kr -0.4 0 05
NaOH-Kr 0.9 1.0
NaBr-Kr 4.7 2.86
Agl-Ar 9.7 11.0'
Xe-Ar 2.6 1.2¢
KCI-Ar 2.5 2.5d
CaF.-Ar 2.5 2.2e
CaF2Xc -0.2 0.1*

“ Determined using either equation 1.12 or 1.13. 6From
the data of Fisher and McMillan, J. Client. Phys., 28, 562
(1958). 'From the data of Singleton and Halsey, Can. J.
Chern., 33, 184 (1955). dFrom the data of W. J. C. Orr,
Proc. Roy. Soc. (London), A173, 349 (1939). ‘From the
data of Edelhoch and Taylor, T nis Journar, 58,344 (1954).

Prediction of the Form of the Isotherm.—When
one considers the drastic approximations that go
into Kirkwood-Muller expression and the rather
crude isotherm equation employed, the agreement
with experiment is satisfactory. The general
availability of polarizability and susceptibility data
and the simplicity of the calculations make this
method useful in obtaining an idea of the approxi-
mate form of the adsorption isotherm of the rare
gases on metallic or non-metallic- surfaces. This
may be done by calculating E,Z/kT from equation 18
and setting it equal to —In p/p0 (this equation as-
sumes that the crystal structure of the adsorbed
layers is compatible with that of the bulk adsorb-
ate, thatisg = 1). Table VI compares the calcu-
lated and observed position of the steps in several
isotherms.

(20) L. E. Drain, Trans. Faraday Soc., 49, 050 (1953).

Kirkwood—

System M idler Exptl.®
CaF2N 2 1.2 8.06
NaBr-N.. 3.2 6.3
kci-n2 1.3 5.3d
NaBr-Cll, 0.7 5.8’
CaF202 -0.2 3.0°

“ Determined using equation 1.12. 4From the data of
Edelhoch and Taylor, T hisJournar, 58,344(1954). From
the data of Fisher and McMillan, J. Chem. Phys., 28, 562

(1958). dFrom the data of W. J. C. Orr, Proc. Roy. Soc.
(London), A173, 349 (1939).
Tabie VI
The Predicted Position of Steps
Predicted Exptl.
System p/pa P/Va
NaOH-Kr* 0.41 0.27
NaBr-Kr* .01 .07
KCI-Ar* .08 .08
CaF2Ar" .08 .06
NaBr-CIl,* .001 .003
NaOH-Kr4 .89 .81
NaOH-Kr* .97 .95

° For the first step in the isotherm. 4For the second step
in the isotherm. ' For the third step in the isotherm.

hydrogen bond. This has been confirmed in the
case of water on silver iodide by the work of Ka-
rasz, Champion and Halsey.z

f21) F. E. Karasz, W. AT. Champion and G. D. Halsey, Jr., This
Journal, 60, 370 (1950).
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MEDIUM EFFECTS IN THE RACEMIZATION OF A BIPHENYL HAVING A
CATIONIC BARRIER GROUP

By John

E. Leffieh and W. H. Grahaml

Contribution f rom the Department of Chemistry, Florida State University, Tallahassee, Fla.
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The racemization of a biphenyl is subject to effects due to specific interactions of the biphenyl with adjacent solvent mole-

cules.

Changes in the solvent change both the activation enthalpy and the activation entropy, but the relation between
these is not simple unless the solvents belong to a closely related series.

Rate ratios up to a factor of five and ranges in

activation enthalpy and entropy of about 3 kcal./mole and 9 cal./mole degree are reported. The solvent effects are highly
SEecific and do not correlate with those observed for other reactions or with any of the macroscopic physical properties of
t

e solvent.

The rate of a reaction in solution depends on two
types of solute-solvent interaction. One of these,
the electrostatic interaction of the solute with the
non-adjacent or bulk part of the solvent, is well un-
derstood and can be described in terms of the elec-
trical properties of the solute molecule and the
macroscopic electrical properties of the solvent.
However, the intimate interaction of solute mole-
cules with adjacent solvent molecules is less well
understood and is undoubtedly highly specific, cor-
relating poorly or not at all with solvent parameters
such as the macroscopic dielectric constant of the
medium.

The racemization of optically active biphenyls,
which is relatively free from mechanistic uncertain-
ties, is almost an ideal reaction for the study of such
specific medium effects. Because the reaction in-
volves little or no redistribution of charge, the
ground and transition states will be virtually iden-
tical from the standpoint of remotely situated solv-
ent molecules. The observed medium effects will
therefore represent differences in the specific inter-
actions of the ground and transition states with
their adjacent solvent molecules. For example, the
rate would not be correlated with the solubility,
because the non-specific or long range solvent ef-
fects important in the latter (especially for ions)
will cancel out in the transition state.

The transition state for the racemization of an
optically active biphenyl such as |

CH3—N—CH3

CH3—N+—ch3

|
ch3

is a set of energy levels which the two enantio-
morphs have in common. In the energy levels of
the ground state, the barrier groups (occupying
the 2,2 "-positions) have a considerable freedom of
rotation relative to their benzene rings; on the
other hand, the benzene rings themselves are re-
stricted in their relative motions to a range of orien-
tations in which the planes of the ring are nearly
perpendicular. In the energy levels of the transi-
tion state, the relative torsion of the two benzene
rings increases in amplitude to include and pass the

1) Based on the doctoral dissertation of W. H. Graham.

sented in part at the Symposium on ‘Solvent Effects and Reaction
Mechanisms,” Queen Mary College, London, July, 1957.

Pre-

coplanar orientation, but this increase in rotational
freedom is achieved only at the expense of an even
greater decrease in the rotational freedom of the
barrier groups relative to their benzene rings. The
net effect is that the energy levels of the transition
state are less densely spaced than those of the
ground state, and the entropy of activation is nega-
tive. The main reason for the considerable ac-
tivation energy in a biphenyl racemization is the
steric repulsion of the groups during their passage
through the eclipsed positions. This repulsion en-
ergy has been shown to be of the right order of mag-
nitude by the calculations of Westheimer and
Mayer.2 Because of the 25 kcal. or so of vibra-
tional activation energy the transition state mole-
cules should be visualized as undergoing a motion
which is much more violent as well as qualitatively
different from that of the ground state molecules.
The vibrationally excited nature of the transition
state tends to make its solvation weaker and less
intimate than that of the ground state. In the
present example, it is possible to explain all of
the observed solvent effects at leas:; qualitatively
in terms of the desolvation of the ground state dur-
ing the activation process, ignoring the solvation of
the transition state.s

The enthalpy and entropy increments for the
desolvation of the ground state will, of course, de-
pend not only on the forces and constraints experi-
enced by molecules in the solvation shells but also
on the forces and constraints in the macroscopic
solvent, hence on the quasi-crystalline nature of the
solvent.

In this paper we report the rates and activation
parameters for the racemization of the biphenyl ion
I at 79.4 and 100.0° in some seventy-seven different
media. The biphenyl is one first prepared by
Shaw and Turners and investigated by Cook and
Turner,s who first showed that the racemization
rates do indeed depend upon the solvent.

Discussion of Results
The racemization is first order or nearlys first

(2) F. H. Westheimer and J. E. Mayer, J. Chem. Phys., 14, 733
(1946).

(3) This simplification is not always possible, perhaps because a
large part of the excess energy of the transition state in some biphenyl
racemizations is potential rather than kinetic. When the transition
state is relatively static and coplanar, its solvation, especially by w-
complexing solvent components, cannot be neglected: J. E. Leffler
and B. M. Graybill, unpublished work.

(4) F. R. Shaw and E. E. Turner, J. Chem. Soc., 135 (1933).

(5) D. E. Cook and E. E. Turner, ibid., 88 (1937).

(6) In certain solvents, notably the alcohols and aqueous-organic
mixtures, there is a slight downward drift in the first-order rate con-
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Fig. 1.—(CI113)2NCeH4AC6HAN HCH3)3 camphorsulfonate in
hydroxylic solvents.

order in all the media studied. The rate constant
in water depends on the initial concentration of the
run, being higher at higher concentrations (Table
1). The concentration dependence appears to van-
ish in solutions more dilute than 0.02 N. We have
chosen 0.02 N as a standard concentration for all of
our runs unless otherwise specified. The anion
may be assumed to be ;-camphorsulfonate unless
otherwise specified.

Tabte |

The Concentration E ffect in W ater at 100.0°

Rate Rate
Initial constant, Initial constant,
concn., sec.-1 X concn., sec.-1 X
moles/1. 105 moles/1. 105
0.008 4.92 0.033 5.18
.009 6.06 .036 5.17
.018 4.94 .070 5.40
.020 4.93 .106 5.95
.026 4.98
Single-component Solvents.—In Table Il are

recorded the activation parameters for the 80-100°
temperature range for various pure solvents. It is
found that the range of reaction rates in single
component solvents is about a factor of four to four
and a half depending on the temperature, trifluoro-
ethanol being the slowest and dimethyl sulfoxide
the fastestz The slow 'reaction in trifluoro-
ethanol can be attributed to hydrogen bonding.
The activation parameters show a considerably
greater spread than might have been expected from
the range in rate constants, the usual cancelling ef-
fect being operative to some extent. The range in

stant as the reaction progresses. This drift, which amounts to about
4% in the rate constant, is absent in water itself and in non-hydroxylic
organic solvents. In order to minimize the effect of the drift on the
comparison of the rate constants, these have been compared at the
same exteDt of reaction, corresponding to a rotation (due to the cation)
about 1/2.73 of the initial value. In order to determine whether
association with the optically active anion is responsible for the drift,
benzenesulfonate was substituted for the d-camphorsulfonate. Since
this change made no difference, we are inclined to attribute the drift
to a stereospecific interaction between the positive ions.

) The racemization without solvent in the solid state at 100°
immeasurably slow.

E. Leffleb and W. H. Gbaham
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activation enthalpy for the single-component sol-
vents is about 3 kcal./mole and the range in entropy
about 9 cal./mole degree.

If attention is restricted to the alcohols (glycerol,
ethylene glycol, benzyl alcohol, methanol, isopropyl
alcohol and ethanol), it is found that a graph of the
enthalpy of activation against the entropy (Fig. 1)
consists of a single isokinetics line. If a single iso-
kinetic line represents a qualitatively uniform solva-
tion mechanism, we may conclude that water and
trifluoroethanol act differently from the alcohols,
since the corresponding points are not on the line.o

In contrast to the simple relationship between
the activation parameters for the alcohol series, the
enthalpy-entropy relationship for the entire set of
solvents, representing, a much wider variety of
chemical structures, is a scatter diagram. This lack
of a smooth relationship indicates the highly spe-
cific nature of intimate solvation and its depend-
ence on the chemical structure of the solvent.

A further indication of the specificity of intimate
solvation in this reaction is the complete lack of cor-
relation (for any wide selection of solvents) of either
the rates or the activation parameters with any
physical property of the solvent or even with the
rate of any other reaction in the same solvent.
Solvent parameters which have been compared with
our data include the dielectric constant, the viscos-
ity, Foand Z.u

However, in spite of the high specificity of the
solvation effects, the racemization rate of ¢-0-(2-
dimethylaminophenyl)-phenyltrimethylammonium
benzenesulfonate is nearly the same in d- and 1-2-
methyl-l-butanols even though the solvated species
are diastereocisomeric. The near equivalence of
these rates was determined indirectly from an ex-
periment which compares the rates of the d- and I-
biphenyls in D-2-methyl-lI-butanol: a fresh solu-
tion of the ¢(¢-biphenyl is only slightly more levo-
rotatory than a solution which has been heated to
ensure equilibrium between the diastereoisomeric
solvates. It also was found that the increase in
rotation caused by heating a solution of the Z-salt in
this solvent is only slightly greater than the decrease
in rotation caused by heating a solution of the ¢-salt.
Of course the d- and L-2-methyl-l-butanols must
be very much alike from the point of view of a solute
interacting mainly with the hydroxyl group, and
the enantiomorphs of a more highly asymmetrical
solvent would probably show a greater difference.
It has been shown, for example, that the equilib-
rium of (Z-8-nitro-N-benzenesulfonyl-N-(2-hy-

droxyethvl)-I-naphthylamine is shifted in ethyl
(+)-tartrate as solvent.12
Two-component Solvents.—Table 111 contains

the activation parameters for the racemization in

(8) J. E. Leffler, 3. org. Chem., 20, 1202 <1955).

(9) Itis notunusual for water to differ from the alcohols in its effect
on activation parameters. For example, the enthalpies and entropies
of activation for the solvolysis of methyl tosylate in a series of alcohols
form an isokinetic line, but the line does not pass near the point for
water: J. B. Hyne and R. E. Robertson, Can. J. Chem., 34, 863
(1956).

(10) E. Grunwald and S. Winstein, J. Am. Chem. Soc., 70, 846
(1948); A. H. Fainberg and S. Winstein, ibid., 78, 2770 (1956).

(11) E. M. Kosower, ibid., 80, 3253 (1958).

(12) J. Glazer, M. M. Harris and E. E. Turner, J. Chem. Soc.,
1753 (1950).
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Tabte Il

Puke Solvents

CATIONIC B aERIEH Ge

° These are mean rate constants.

Solvent
Trifluoroethanol
Deuterium oxide
Water
Methanol
Acetic acid
Glycerol
Acetonitrile
Ethanol
Ethylene glycol
Nitrobenzene
Isopropyl alcohol
Benzyl alcohol
Chloroformé

Dimethylformamide

Dimethyl sulfoxide

79.4°°

1.
The individual values have been adjusted in

P R R R R R R R R R R

82

k, sec.-1 X 10«

100.00a
3.46 26.31
4.74 26.39
4.93 26.71
7.87 25.17
8.56 25.47
7.18 23.08
9.14 25.24
9.50 25.70
8.51 24.19
10.05 25.36
10.90 25.22
11.32 24.79
12.24 25.69
12.49 25.19
13.39 24.66

actually a fraction of a degree different from 79.4 or 100.0°.

ethanol.
Tabte Il
Two-component Solvents

Solvent,

wt. %

of first Kk, sec X 105 AH + 6
component 79.40a  100.0oa kcal./mole

Methanol-water

0 0.57 4.93 26.71 zb0.06

3.8 .62 5.33 26.55 zb .09
16.5 72 6.12 26.46 zb .11
20.8 74 6.19 26.17 zb .02
44.2 .90 7.19 25.62 zb .08
70.2 1.02 7.80 24.16 zb .06
94.0 1.02 7.87 25.21 zb .05
100.0 1.03 7.87 25.17 zb .04

Ethanol-water

3.8 0.64 5.33 26.24 zb 0.08
20.8 0.93 7.33 25.50 =b .15
44.1 1.10 8.38 24.99 zb .06
48.7 1.16 8.92 2491 dz .07
63.5 1.22 9.28 25.07 zb .06
75.9 1.25 9.46 24,98 zb .12
96.0 1.23 9.52 25.18 dh .04
98.0 1.19 9.69 25.87 db .05
100.0 1.18 9.50 25.70 zb .08

Isopropyl alcohol-water
20.7 1.02 7.94 25.31 db 0.06
43.9 1.26 9.41 24.87 zb .05
60.9 1.37 10.10 24.64 zb .05
79.7 1.41 10.49 2481 + .02
100.0 1.42 10.90 25.22 zb .07
i-Butyl alcohol-water

7.2 0.75 6.21 26.05 zb 0.05
23.9 1.16 8.75 24.96 zb .06
43.9 1.33 9.71 2452 zb .02
66.1 1.43 10.43 24.47 zb .06
91.4 1.60 11.82 24.70 zb .13

(Solubility limit)

18.0
46.7
84.5
100.0

5.2
18.7
35.6
73.4

100.0

Ethylene glycol-water

0.69 5.74 26.17 zb 0.06
0.86 6.83 25.60 zb .05
1.09 8.26 25.02 zb .08
1.20 8.50 24.19 zb .02

iS-Trifluoroethar.ol-water

0.63 5.30 26.23 zb 0.13
.67 5.63 26.15 zb .07
.63 5.31 26.23 zb .13
.52 4.52 26.63 zb .09
41 3.46 26.31 zb .11

AS*,b
cal./mole

- 711
- 7.39
- 7.35

zb 0.

-10.34
—10.19
-10.30

- 8.20

-10.67
-10.80
—10.26
-10.45
- 9.89

- 8.51

- 9.93
—10.76
-11.24
-10.70
- 9.52

- 8.41
-10.67
-11.64
—11.63
-10.77

- 8.24
- 9.44
-10.61
-12.77

- 8.25
- 8.34
- 8.25
- 7.52
- 8.87

18

.14
.13
.05
.20

13

.18
.05
17
.35

15

.13
.22
.06

35

.20
.35
.25

.31

20.9 0.95
44.2 1.19
66.5 1.37
95.2 1.54

(Solubility limit)

29.3 1.07
40.9 1.27
50.9 1.37
72.2 1.63
83.8 1.87
92.6 2.11

(Solubility limit)

L N

I+

+

AHL,
kcal./molec

0.11 - 8.87 %0
.06 - 8.04 +
.06 - 7.11 =%
.04 -10.30 %
.01 - 9.34 =
.26 -16.08 *
.16 - 9.83 %
.08 - 8.51 %
.02 -12.77
.10 - 9.31 ¢
.07 - 9.52 ¢
.06 -10.61
17 - 8.03 %
.14 - 9.32 %
,06 —10 62 %

o UP

cal./m%?et'deg.c

.31
.18
.15
.10
.02
.73
.44
.22
.06
.27
.20
.16
.47
.40
.16

those cases where the temperature was
61t was necessary to use chloroform stabilized by a trace of

Acetone-water

7.38 25.26 zb 0.
8.65 24.49 zb .
9.45 23.85 zb .
11.46 2473 zb .

Dioxane-water

8.08 2494 zb 0.
9.34 24.62 db
9.57 23.92 dd
11.41 24.03 zb
13.10 23.95 db
14.72 23.93 zb

04
09
12
12

06

.09
.09
.05
.03
,07

Dimethyl sulfoxide-water

15.5 0.76
52.4 1.14
76.7 1.48
86.8 1.64
100.0 1.82

4.0 0.40
17.2 42
34.3 54
51.2 .62
72.4 .78
100.0 1.08

(Solubility limit)

2.2 1.92
19.3 1.68
37.4 1.55
54.4 1.48
78.2 1.31

100.0 1.08

(Solubility limit)

8.3 1.62
47.4 1.27
64.3 1.19
73.0 1.15
81.8 1.07
91.8 1.07
95.7 1.03

100.0 1.03

“ These are mean rate constants.

6.22 26.03 zb O..
8.90 25.31 zb
10.93 24.69 zb
12.16 24.71 zb
13.39 24.65 zb

Acetic acid-water

4.00 BE To.
4.29 29.11 dd
5.20 28.01 zb
5.50 27.03 dz
6.70 26.54 zb
8.56 25.47 zb

Acetic acid-benzene

14.13 24.55 zb 0.
12.33 24.57 =b
11.50 24.70 zb
11.00 24.70 zb
10.00 25.00 zb
8.56 25.47 zb

Methanol--benzene

12.80 25.52 zb 0.
9.75 25.20 zb
9.06 25.04 zb
8.85 25.23 zb
8.67 25.83 dz
8.47 25.50 zb
8.00 25.26 zb
7.87 25.17 zb

05

.02
.05
,02
.06

29

41
.12
.06
.14
.01

09

.06
.07
.09
.09
.01

06

.06
.15
.04
.08
.03
.03
.04

The individual values

¢ The significance of the numbers indicating the precision is discussed in the experimental section.

-10.20
-11.94
-13.47
-10.75

-10.86
-11.43
-13.26
-12.70
-12.48
-12.39

- 8.46

-10.93
-10.67
-10.62

- 3.00
- 0.93
- 3.51
- 6.03
- 6.96

-10.79
—11.02
-10.79
-10.89
-10.30
- 9.34

-8

- 9.79
-10.37
- 9.89
- 8.35
- 9.28
-10.03
-10.30

zb 0.12
zb .25
zb .32
.32

zb0.16
.25
.24
.13
.10
.18

zb0.79
zb 1.14
zb 0.35
.16
zb .38

zb

zb 0.24

.18
,23
,25
,02

To .17
zb .17
db 42
zb 11
dz ,22
.08
.08
.10

have been adjusted in those cases where the temperature
was actually a fraction of a degree different from 79.4 or

100.0°.

precision is discussed in the Experimental section.

bThe significance of the numbers indicating the
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AHt.

» 2.—(CH3NC6HAHMN +CH33 camphorsulfonate in
aqueous ethanol (wt. %).

AHt.

Fig. 3.—(CH3NCEHLHN +ECH33 camphorsulfonate in
aqueous i-butyl alcohol (wt. %).

ASt.

Fig. 4—(CH3NCEHALH N +(CHIJ3 camphorsulfonate in
aqueous ethylene glycol (wt. %).
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a few of the sixty-one two-component solvent
mixtures.

The behavior of alcohol-water mixtures is about
what might have been expected in view of the fact
that the point for water does not fall on the isoki-
netic line for the series of pure alcohols. The acti-
vation parameter for the mixtures of water with
various alcohols shows a linear enthalpy versus en-
tropy relationship from zero up to about fifty or
more weight per cent, of the alcohol. Beyond this
point the line breaks sharply, in most cases doubling
back nearly upon itself. Figures 2 and 3 for aque-
ous ethanol and aqueous i-butyl alcohol are
given as examples.1z In the series of monohydric
alcohols the values of the enthalpy and entropy at
which the line breaks are in the order methanol >
ethanol > isopropyl alcohol > ;-butyl alcohol, i.e.,
in the order of increasing molecular volume rather
than the order in which the points fall on the iso-
kinetic line for the pure alcohols.

The somewhat different behavior of aqueous
ethylene glycol is shown in Fig. 4.

Although the enthalpy-entropy diagram for the
monohydric alcohol-water mixture shows sharp
breaks, we prefer to interpret the results in terms of
a gradual change in the solvation mechanism rather
than in terms of an abrupt change. One reason for
this preference is that the graphs of enthalpy and
entropy against veight per cent, of the alcohol are
smooth, the minimum found in these curves in
most cases being very broad. The relationship is
shown in Fig. 5 for the isopropyl alcohol-water sys-
tem. The minima in the activation parameters
can be rationalized by simply assuming that the
activation process involves considerable desolvation
and release of solvent molecules to the bulk solvent
structure. For methanol and ethanol it is known
that the excess enthalpies and entropies of mixing
with water pass through a minimum.1« If this is
general for the monohydric alcohols of our series
it affords a sufficient explanation for the minima in
the activation enthalpy and entropy.

The enthalpy-entropy relationship for the /3
trifluoroethanol-water mixture is much more com-
plicated than that for the unsubstituted alcohols.
It has both a maximum and a minimum in the en-
thalpy and entropy, and a single maximum in the
rate. On the other hand, the enthalpy-entropy
relationship for the acetone-water mixtures is very
much like those of the alcohol-water mixtures ex-
cept that the single minimum occurs at a consider-
ably lower value of the enthalpy and a more nega-
tive value of the entropy.

The activation parameters for the dioxane-viater
and dimethyl sulfoxide-water mixtures resemble
each other. In both cases the enthalpy of activa-
tion decreases as a linear function of the entropy up
to about 70% (by weight) of the organic component.
Above this composition, however, there is a sharp
break. The enthalpy of activation remains almost
constant, but the entropy increases, causing the rate

(13) For the even more complicated pattern of the solvolysis
reaction (S,l-type) in mixed solvents the reader should refer to the
excellent paper by S. Winstein and A. H. Fainberg, J. Am. Chem. Soc.,
79, 5937 (1957).

(14) A. G. Mitchell and W. F. K. Wynne-Jones, Disc. Faraday Soc.,
15, 161 (1953).
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to continue to rise. The rates in 92.6% dioxane-
water mixtures were the fastest observed for any
medium, being 5.15 times as fast as for trifluoro-
ethanol at 79.4° and 4.26 times as fast at 100.0°.

In aqueous acetic acid the dimethylamino groups
are protonated to a considerable extent, as can be
seen from the low value of the specific rotation. In
aqueous hydrochloric acid the specific rotation is
also low and the rate of racemization is too slow to
measure. The latter result presumably means that
the repulsion of the two positive charges, which
should accelerate the racemization, is of lesser im-
portance than the increased solvation of the proton-
ated dimethylamino group and the change in hy-
bridization.

Although the low specific rotation reduces the
accuracy of the results for aqueous acetic acid mix-
tures, there is no doubt about the direction of the
effects. The addition of very small amounts of
acetic acid to water drastically reduces the rate, but
slightly larger additions of acetic acid increase the
rate. The enthalpy-entropy relationship (Fig. s}
is V-shaped, but with a maximum rather than the
minimum encountered in the aqueous alcohol mix-
tures. Since our experiment with hydrochloric
acid shows that the protonated form does not
racemize at all, the activation parameters in aque-
ous acetic acid include contributions from the de-
protonation as well as the desolvation of the bi-
phenyl.

The addition of benzene to acetic acid results in a
steady increase in rate. The enthalpy and entropy
decrease as benzene is added and maintain their
linear relationship with each other until a propor-
tion of about 50% benzene is reached. At about
that composition, there is a sharp break in the lin-
ear relationship and there appear to be at least
two minima and one maximum in the curve before
the solubility limit is reached near 98% benzene.

The addition of benzene to methanol also causes
a steady increase in rate and the plot of enthalpy
against entropy of activation is N-shaped, with
breaks at 50 and 80% methanol. The initial in-
crease in enthalpy and entropy of activation on
adding benzene to methanol cannot be due to in-
creased solvation of the biphenyl, since the rate ac-
tually increases. It could, cn the other hand, be
attributed to a change in the nature of the solvent
structure to which the molecules of the solvation
shell are returned during the desolvation which ac-
companies the activation process. Relative to
pure methanol, the desolvation in a solvent con-
taining a little benzene is more endothermic and
also involves a greater decrease in the constraint of
the solvent molecules. This seems to be in the
wrong direction if the effect is due merely to the
presence of benzene instead cf methanol in the sol-
vation shell, but could be due to a change in the
structure of the bulk solvent. The required
change is that solvent molecules are less tightly as-
sociated with each other in the solvent mixture than
they are in pure methanol. Hence the differences
in enthalpy and entropy between solvent and solva-
tion shell are greater for the mixture than for the
pure alcohol. Miller and Fuoss have suggested
that benzene added to methanol breaks down the
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Fig. 5—(CHJ32NC6H4AC6HAN +(CH3scamphorsulfonate in
aqueous isopropyl alcohol.  The filled circles represent AHt,
the open circles represent AiSif.

ASi.
Fig. 0.—(CHskNCetbCeHiINTCIhh camphorsulfonate in
aqueous acetic acid (wt.

polymeric structure of the solvent and increases the
amount of monomeric methanol. s

Experimental and Mathematical Procedures
2,2'-Bisdimethylaminobiphenyl.—2,2'-Dinitrobiphenyl

was made by means of a modified Ullmann reaction¥ using
pretreated copper bronze.I’ The reduction to the diamine
with iron filings proved to be erratic and most of the reduc-
tion was carried out by a catalytic procedure similar to that
of Blood and Noller.188 The methylation was done by the
procedure of Shaw and Turner.4

</Z-0-(2-Dimethylaminophenyl)-phenyltrimethylammonium
lodide.—The following procedure is easier than the sealed
tube method of Shaw and Turner. One equivalent of 2.2'-
bisdimethylaminobiphenyl is refluxed for several hours in
anhydrous acetone containing several equivalents of methyl
iodide. The white solid product is filtered off, more methyl
iodide is added, and the refluxing is continued, producing
a second crop of solid product. The product needs no re-
crystallization, melts at 184-185°, and is obtained in quan-
titative yield. It is essential that the acetone be dry or the
product will be contaminated with its hydriodide salt.

d-o-(2-Dimethylaminophenyl)-pkenyltriitethylammonium
(/-Camphorsulfonate—This substance was prepared by the
method of Shaw and Turner,4 m.p. 184-185°, [a]“D 48.6
in water at 1.32 g./lOO ec.

(15) R. C. Miller and R. M. Fuoss, 3. Am. Ckem. Soc., 76, 3076
(1953).

(16) N. Kornblum and 11. L. Kendall, ibid., 74, 5782 (1952).

(17) 1C. C. Kleiderer and 1l. Adams, ibid., 55, 4225 (1933).

(18) A. E. Blood and C. R. Noller, J. Org. Chem., 22, 711 (1957).
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dZ-o0-(2-Dimethylaminophenyl)-phenyltrimethylammonium
Benzenesulfonate.—The racemic benzenesulfonate is pre-
pared by warming a solution of silver benzenesulfonate in
acetone-ethanol with an equivalent amount of the dl-o-(2-
dimethylaminophenyl)-phenyltrimethylammonium iodide.
Silver iodide is removed by centrifugation and the solution
is diluted with heptane which causes the racemic salt to
crystallize.

d-o0-(2-Dimethylaminophenyl)-phenyltrimethylammonium
lodide.—This compound, prepared by the method pre-
viously reported,4 was recrystallized from chloroform-
hexane; m.p. 181-182° dec.

d-o0-(2-Dimethylaminophenyl)-phenyltrimethylammonium
benzenesulfonate5 was crystallized from acetone-hexane,
m.p. 124-125°, M Zd 43.5in HD at 0.84 g./I0O cc.

Z-0-(2-Dimethylaminophenyl j-phenyltrimethylammonium
Benzenesulfonate.—The Z-iodide is obtained by adding
sodium iodide to the mother liquor from the crystallization
of the d-o-(2-dimethylaminophenyl)-'rimethylammonium
d-camphorsulfonate, and crystallizing the product by adding
hexane; [a]2p —40.0, m.p. 124-125°.

Solvents.—Unless otherwise noted, all solvents were
carefully dried and purified by distillation and/or fractional
crystallization. Dimethyl sulfoxide (S9.9%) was used as
supplied by the Stephan Chemical Co., Chicago. *“ Speetro
grade” chloroform, containing a trace of ethanol, was used
without further purification since it was found that pure
chloroform tended to produce phosgene during the runs.

Absolute ethanol and methanol were prepared by the
methods described by Fieser.19 Reagent grade benzene and
analytical reagent grade glycerol were used without purifi-
cation. Dioxane was purified by refluxing over sodium
hydroxide for several days and then refluxing and distilling
over sodium. “Speetro grade” acetone was used directly.
Since all acetone solutions used were aqueous mixtures,
traces of water were unimportant. D-2-Methyl-I-butanol,
[«]2-4d —5.79, was supplied by the Dow Chemical Com-
pany.

Investigation of Side Reactions.—Equimolecular amounts
of methyl iodide and 2,2'-bisdimethylaminobiphenyl heated
in chloroform for elght hours gave the quaternary iodide in
only 2.18% yield as determined by Volhard titration. When
dl-0-{2- dimethylaminophenyl)- phenyltrimethylammonium
iodide was heated in chloroform, however, the back reaction
to 2,2-bisdimethylaminobiphenyl was almost complete
after a few hours. The racemization of the quaternary
ammonium biphenyl can therefore not be measured in the
presence of iodide ion. The corresponding reactions in-
volving methyl camphor sulfonate do not take place. The
infrared spectra of o0-(2-dimethylaminophenyl)-phenyltri-
methylammonium d-camphorsulfonate before pnd after
mutarotation in chloroform are identical. Furthermore,
the spectra of a chloroform solution of methyl d-camphor-
sulfonate and bis-dimethylaminobiphenyl before and after

(19) L. F. Fieser,
D. C. Heath and Co.,

Experiments in Organis Chemistry,”
Boston, Mass., p. 281.

E. Lefrier ana W. H. Granam

3rd ed.,

Voi. 63

heating at the usual racemization temperature are identical,
indicating that the reverse reaction does not take place.
Demethylation by water would produce hydrogen ion; none
is liberated, as shown by titration to a phenolphthalein end-
point, when the d-camphorsulfonate is heated in water for
several hours. Disproportionation to a doubly quaternary
salt and 2,2'-bisdimethylaminobiphenyl can be ruled out as
a side mechanism in view of the fact that a large excess of a
much more nucleophilic substance, dimethylaniline, pro-
duces only a 10% increase in racemization rate in ethanol
and a 4% increase in chloroform, probably medium effects.
An intramolecular methylation of the dimethylamino group
by the trimethylammonium group would not lead to race-
mization in any case.

Kinetics.—Samples in nitrogen-filled ampules were
placed in thermostats of conventional design with a tem-
perature control of +0.02°. Absolute values of the tem-
perature, known to within 0.1°, were obtained from N.B.S.
calibrated thermometers. The ampules were quenched by
immersion in ice-water, opened, and the contents placed in
the polarimeter tube. The Bellingham and Stanley po-
larimeter, equipped with a sodium vapor light source, was
read in a darkened room whose temperature was controlled
to +2°. For most points a total of sixteen readings, eight
each with the tube turned in opposite directions, were taken.
Generally four to six points, in addition to an initial and
final point, were taken for each run. These points were
clustered in that part of the curve which gives maximum ac-
curacy for the rate constant.

A standard concentration of 0.02 N was used in most of the
experiments. This concentration was chosen for maximum
conservation of material consistent with adequate rotation.

The concentration of the d-o-(2-dimethylaminophenyl)-
phenyltrimethylammonium d-camphorsulfonate had little
effect on its specific rotation

[a]JaD in HiO,
Normality degree
0.01025 48.8
.02726 48.6
.05126 48.6

It was also observed that variations in room temperature
had no detectable effect on the specific rotations in the or-
dinary solvents. However, in experiments using b i-
methyl-1-butanol as solvent, it was necessary to control the
temperature to +0.2° because the specific rotation a" the
solvent changed appreciably with temperature, about 0.01°
per degree.

Asymmetrical Environment Experiments.—The optical
rotations of solutions of d and | and dZ-o-(2-dimethylamino-
phenyl)-phenyltrimethylammonium benzenesulfonate in b-
2-meithyl-I-butanol were measured before and after heating
in sealed ampules. The concentration of the cZZsalt was

Angle, Angle,

before after

heating Conditions heating Aa
rf-salt 168.035° 16 hr. at 100°  167.151° 0.884
Z-salt 166.268° 11 days at 80° 167.170° 912
ZZsat  167.341° 16 hr. at 100°  167.370° .029

different from that of the others, but the concentrations of
the d- and Z-salts were nearly equal. The error expected in
the Aa due to the fluctuation of the rotation of the solvent
with the temperature at which it is read, is about 0.004.

Racemization in the Solid State.—A sample of d-o-{2-
dimethvlami nophenyl)-phenyltrimethylammonium cZ-eam-
phorsulfonate was sealed in an ampule under nitrogen and
left in a steam-bath for 55 days. The specific rotation in
aqueous solution before heating was 47.9°, after heating,
47.8°.

The Calculation of Rate Constants. Activation Param-
eters and their Errors.—The rate constant is given by the
equation

, 2303. @

k = ~2Tlog7
where | is the elapsed time, aOthe initial rotation of the solu-
tion, and a the rotation at time t. The rotations are cor-

rected for that due to the camphorsulfonate. The method
of least squares was used to calculate the best values o: the
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activation parameters for the experimental temperature
range, fitting the equation

k k AS*

. AH* 1
og T m h + 230312

230312 T

The calculations were performed on a desk calculator and
checked with an 1.B.M. model 6EO digital computer, using
a program for which we are indebted to Prof. H. C. Griffith
of the F.S.U. mathematics department.

The expected maximum errors in AHi and ASf are about
+0.14 kcal./mole in the enthalpy of activation and about
+0.40 cal./mole degree in the entropy of activation, based
on a conservative estimate of £0.002° as the maximum er-
ror in the average of the sixteen readings of a for each point.
The calculation of the least-squares activation parameters
gives us a measure of their precision as a by-product.
These numbers indicated as precision measures in the tables
have the form of probable errors, 0.6745 times the standard
deviations. It should be remarked that these numbers are
not, in fact, probable errors, because the statistical sample
of points for each solvent is too small, some of the reported
error quantities no doubt being fortuitously small. On the
other hand, the mean of the error figures for a large number
of related solvents very likely is a measure of the probable
error of the activation parameter for that series.

In the graphs of activation enthalpy versus entropy, the
experimental points are represented by small circles. These
circles are not probable error contours. The actual prob-
able error contour is a narrow ellipseld whose major axis
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has a slope numerically equal to the mean experimental tem-
perature in degrees Kelvin. The reason for the elliptical
shape of the probable error contour is that the precision
with which log «. or the free energy of activation, is known
is such that if AH$ has the largest value permitted by its
probable error, then AiSf must also have nearK its largest
permitted value. That is to say, the largest value for the
enthalpy within its probable error and the lowest value for
the entropy within its probable error, are a combination
which would correspond to an extremely improbable value
for the rate constant.

The effect of this restriction on the probable error contour
is shown in Fig. 7.

The practical consequence of the sloping elliptical error
contour is that points having relative positions like those
for 44.1 and 75.9% alcohol in Fig. 2 are more likely to
differ significantly than points having relative positions like
those for 44.1 and 48.7% alcohol.
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(20) J. Mandel and F. J. Linnig, Anal. chem ., 29, 743 (1957).

KINETICS OF THE STEAM-CARBON REACTION

By George Blyholderland Henry Eyring

Department of Chemistry, University of Utah, Salt Lake City, Utah

Received September 11, 1958

The data for the steam-graphite reaction from 900 to 1300° and in the 5 to 100 n pressure range are presented as a func-

tion of both pressure and temperature.
tion of molecular hydrogen from the surface.
species have a limited mobility upon the surface.

Introduction

There have appeared a large number df papers on
the steam-carbon reaction. It is generally agreed
that the reaction may be represented by the equa-
tion

CM+ H;0(K— > CO« + H29

Beyond the agreement that CO and H: are the pri-
mary products of the reaction at one atmosphere or
less of HD pressure, there is little agreement on the
activation energy, order of the reaction and the
magnitude of rate constants. A number of experi-
mental conditions which have not been met by pre-
viously reported data are deemed necessary if the
resultant data are to be suitable for kinetic inter-
pretation. The amount of HD vapor decomposed
should be small to avoid the retarding effect of H2
on the reaction. This condition also makes inter-
pretation of the order of the reaction unambiguous.
The H2 vapor and the carbon surface should be at
the same temperature. If this is not done the tem-
perature of the activated complex in the reaction is
not clearly defined. The nature of the carbon
should be adequately defined. In this study we
are interested in the reaction of graphite with water
vapor so the carbon samples are from a spectro-
scopic graphite electrode. It is to be expected that

The rate-determining processes are the adsorption of water vapor and the desorp-
Absolute rate theory calculations lead to the conclusion that the adsorbed

natural graphites which contain impurities and
carbonized filaments which are not 100% graph-
itized would react differently from pure graphite.
With these conditions in mind an apparatus was
designed in this Laboratory to study the reactions
of graphite with oxidizing gases between 900 and
1300° and in the 5 to 100 p pressure range. The ap-
paratus is a flow system in which water is admitted
through a capillary before the furnace and the flow
is maintained by a mercury diffusion pump after
the furnace. The furnace is such that a four inch
long zone is maintained at +2°. The incoming
vapor is heated on alumina chips in the central re-
gion of the furnace. The graphite samples, which
were cut from a 'A inch diameter spectroscopic
electrode (National Carbon Company), are sus-
pended by means of a platinum wire in the constant
temperature zone of the furnace. The rate of the
reaction was followed by measuring the rate of pres-
sure build up of CO and H: after the HD was
trapped out. Results with this apparatus have ap-
peared in an earlier publication.2 Unfortunately,
it has recently been discovered that, due to the high
flow rate of vapor (over 1000 cm./sec.) through the
furnace and an unfortunate choice of location of the
thermocouple gage used to determine pressure, the
pressures of water vapor in the furnace at the sam-

(1) Presently a Research Associate at the Johns Hopkins Uni- (2) J. S. Binford, Jr., and H. Eyring, This Journal, 60, 486

versity, Baltimore 18, Maryland. (1956).
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Fig. 1—-Temperature dependence.

Fig. 2—Pressure dependence.

pie were given incorrectly in that publication. In
order to obtain the correct pressure at the sample
two thermocouple gages were placed immediatelv

G eorge Blyholder and Henry Eyring
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down stream on a tube which is a straight line ex-
tension of the tube furnace. Due to the high linear
flow rate a pressure drop due to flow is found be-
tween these gages. A linear extrapolation is used
to obtain the pressure at the sample. In all other
respects the apparatus and experimental procedure
are those previously reported. Since the pressure
dependence of the reaction is of such fundamental
importance a complete new set of data was ob-
tained. These data, which for the first time give
the steam-graphite reaction free from secondary re-
actions, will now be presented.

Experimental

The first sample used consisted of a rod of spectrographic
graphite two inches long and  inch in diameter. It had a
geometric surface area of 10.75 cm.2and a volume of 1.61
cm.3 In Fig. 1, the experimental points for the tempera-
ture dependance of the reaction at 22 ji HD pressure are
given by the solid circles. The rate is given in terms of the
original measurements which are the rate of pressure build
up in y. per minute in a 3.35-1. volume. The pressure in-
crease is due to an equimolar mixture of CO + H2 A pres-
sure build up of 1 ii/min. is equivalent to 0.92 X 105 mole-
cule of carbon per second reacting.

The pressure dependence of the reaction on this sample at
905, 1058, 1080, 1214 and 1306° is shown in Fig. 2. In this
figure the experimental points are given. The lines are
drawn from a kinetic expression which will be explained
later. It is observed from this figure that the pressure de-
pendence of the reaction changes with temperature. They
also show that the form of the temperature dependence
curve is a function of the pressure chosen.

It has been demonstrated3that diffusion of the reacting
gas into the pores of graphite of the type used in these ex-
periments may affect the observed Kkinetics. The first
experiment tried to determine whether or not pore diffusion
affected the reaction was to use a sample in which the volume
to area ratio was radically different from that of the first
sample. Sample 2 had an area of 16 sg. cm. and a volume
of about 0.7 cm.3 The sample was about 0.9 mm. thick.
No exact measurement of the sample thickness was made but
this value is within 10% of the exact value. The reaction
with this sample had the same pressure dependence as sample
1 at 1014°. At this temperature the ratio of the rate on
sample 1 to that on sample 2 at the same pressure is 2.5.
The area ratio for the samples is 0.67 while the volume ratio
is 2.3. It is seen, therefore, that the rate of the reaction is
proportional to the volume of the sample and not to the area.
This indicates that even on sample 1 the reaction is occurring
throughout the entire volume of the sample. This leads
to the conclusion that water vapor is effectively reaching
all of the inner surface throughout the sample and so pore
diffusion does not affect the reaction.

As a further check to make sure pore diffusion was not
affecting the reaction, the reaction was investigated with
samples 2 X 10-4 cm. thick. These were prepared by
rubbing a spectrographic graphite rod against an inert
ceramic support. This leaves a film of graphite much like
a pencil mark on the support. This sample, number 3, had
a surface area of 20.2 cm.2 The pressure dependence on
this sample at 1036° is shown in Fig. 2. The line is drawn
using the same Kinetic expression as was used to draw the
lines in the other pressure dependence figures. The rate for
sample 3 is in ~ per minute into a 0.404 liter volume. It
should be noted that if pore diffusion had been causing the
change in pressure dependence with temperature for the
sample 1 above 900° then the pressure dependence for this
sample at 1036° should have been like that of the sample 1at
900° instead of giving the norma pressure dependence of
sample 1 at 1036°. The temperature dependence of sample
3at 21 . is shown in Fig. 1 by the triangular marks. Again
the rate for sample 3 is in m per minute into a 0.404-liter
volume. The temperature dependence of this sample is
seen to be the same as that of sample 1. Again if pore dif-
fusion were affecting the reaction the temperature depend-
ence on the thin sample would have been different from that
on the thick sample. The conclusion is drawn that pore

(3) O. Blyliolder and H. TCyring, T his -Tournai.., €1, G82 (1957).
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diffusion does not affect the reaction and that the data
for sample 1 represent the true surface reaction.

Interpretation of Results.—Of the kinetic
systems tried, these gave the best fit of the
data.

h
HD + 2C(@ — > OHQ + H(9 1)
OHE —>0@ + H®B (2)

2HW -4 - H2(g) ©)
0(— > CO(e, @)

From the reaction of oxygen with graphite, the
rate of equation 4 is knowns to be much faster -a
than the steam-graphite reaction. Thus the
rate of equation 4 is fast and does not enter into
the kinetic equation for the rate of the steam-
graphite reaction. The rate of equation 2 is
assumed to be fast. This assumption finds
support in the work of Garten and Weiss,s who
found that above 800° carbon activated with
steam exhibited the characteristic of carbonyl
oxygen rather than that of hydroxyl groups
which were found to be a characteristic of ac-
tivation of the carbon at 400°. From equa-

tions 1 and 3 we may now write <

= 2%iP(1- 0*- 203 (5)

where

0 = fraction of the surface covered with H
P = pressure of HD
The rate at which Hz comes off the surface which
must also equal the rate of CO production is given
by
R = k-22 (6)
Making the steady-state assumption that d0/df =
0, equation 5 may be solved for d Putting this re-
sult in equation s yields
4t _ K\P
[T + (KOP)1»]»

where

The temperature dependence of the rate constants
necessary to fit the data is shown in Fig. 3. Values
of the rate constants taken from Fig. 3 are used in
equation 7 to produce the solid lines in Fig. 2.
Equation 7 is seen to fit the pressure and tempera-
ture dependence of the reaction rate from 900 to
1300°. The activation energy for hi, which is the
rate constant for Hzo adsorbing on the surface, is
35.6 kcal. per mole from Fig. 3. From the tem-
perature dependence of kOand kh the activation en-
ergy for k—, the rate constant for Hz desorbing from
the surface, is found to be 75 kcal. per mole. By
adding the heat of chemisorption to the activation
energy for adsorption of Hz on graphite from work
by Barrers an activation energy for desorption of H2
from graphite of 72 kcal. per mole is arrived at.
This is in good agreement with the value herein
arrived at from the kinetics of the steam-carbon
reaction.

(4) V. A. Gartcn and D. E. Weiss, Australian 3

u955).
(5) R. M. Barrer, 3. chem. Soc.,

Chem., 8, 63

1256 (1936).
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Fig. 3.—Temperature dependence of rate constants.

We may gain additional insight into the nature of
the processes involved by calculating the rate con-
stants ki and fc 2 with the absolute rate theory of
Eyring.s The rate of water going onto a bare sur-
face is given by

vi = CgCa’ (8)
where Cg = number of molecules per cm.s of HD
in the gas phase; Ca= surface sites per cm.2 taken

as 1018 (the approximate number of carbon atoms
per cm: of graphite lattice); k' = rate constant in

sec.-1. From absolute rate theory we have
k= W f* eE*/KT 9)
h fi

where the symbols have their usual significance.
It is assumed that the partition function for the
activated complex involves only vibrational terms
which to a good approximation may be replaced
by unity. The partition function for the reactants
is given by

fi = fvib.sfvib. HIOitr, HOfrot. H:O

Again the vibrational partition function for the sur-
face and the water molecule are replaced by one.
The translational and rotational partition functions
are given by their usual terms.s The experimental
activation energy is related to EOby
dInk _ E (exp.)
dT kT2 K ;

Application of equation 10 yields
Et, = E (exp.) 4- 2RT

Putting numbers in for the terms in equation s
yields at 1058° and 21 n HD pressure
(6) S. Glasstone,

Rate Processes,” McGraw-Hill Book Co.,
1941.

Inc., New York, N. Y.

K. J. Laidler and H. Eyring, “The Theory of
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»l (calod.) = 0.34 X 107molecules/cm.2sec. (11)

We may also calculate the rate at which hydrogen
comes off a completely covered surface. This is
given by

v2 = CJc' 12)

Here k' is given by equation 9. The process for
which we wish to calculate k' is that for two hydro-
gen atoms on the surface reacting to form a hydro-
gen molecule. Since the activated complex is still
part of the surface, if the hydrogen atoms are re-
garded as being most nearly characterized as immo-
bile, then the partition function for the reactants
and the activated state will involve only vibration
terms which may be replaced by one. For this case
k' reduces to

k' = kA

e-Eo/KT (13)

h
Using equation 10 to find the relationship between
the experimental activation energy and EOyields

Eo = E (exp.) —RT

We may now put numbers into equation 12 to
yield at 1058°

M (calcd.) = 4 X 10%6molecules/cm.2sec.

The experimental values of Vi and y» may be ob-
tained from the data. The rate on sample 3 at
1058° and 21 juHX pressure from Fig. 1 is found to
be 7 ju/min. into a 0.404-1. volume. In more con-
ventional units this is 7.8 X 1014 rnolecules/sec. for
the total area of the sample. The geometric area of
this sampleiszo cm.z2and the surface roughness may
reasonably be takens as 100. The resultant ex-
perimental rate is 3.9 X 10u molecules/cm.z-sec.
From this value, equation 7, and kOfrom Fig. 3 is
found

ki = 7 X 10-3 cm./sec.
and
k-2= 25 X 10'2molecules/cm.2sec.

(7) E. A. Gulbransen and K. F. Andrew, Ind. Eng. Chem., 44, 1034
1952).
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Since M = hCg and V2 = fc 2 we have at 21 n pres-
sure

M (exp.) = 10.1 X 10u molecules/cm.2sec.

and
M (exp.) = 2.5 X 10122molecules/em.2sec.

Comparison of the calculated and experimental
values gives the interesting fact that the calcu-
lated value of W is too small while the calculated
value of V2is too large. In making the calculations
for \Wand Wit was assumed that all adsorbed species
were immobile. At the temperatures of this work
it would be reasonable to find at least limited mo-
bility in the adsorbed species. If a limited mobility
for adsorbed species is assumed the calculated rates
are brought into agreement with the experimental
ones. Until we have a more detailed knowledge of
the species adsorbed on the surface this calculation
can only be roughly approximated. It was there-
fore not deemed worthwhile carrying these calcu-
lations further at the present. It should be noted
that the assumption of freely mobile adsorbed spe-
cies gives rate constants which are in much poorer
agreement than those obtained by the assumption
of immobile species.

The kinetic treatment of the experimental data
together with the calculations of absolute rate
theory reveal the following picture for the steam-
graphite reaction. Water is dissociatively ad-
sorbed on the carbon surface. The evaporation of
CO from the surface is rapid. The hydrogen comes
off the surface more slowly than the CO. The pres-
sure and temperature dependence of the reaction
are explainable on the basis of the competition of
the reactions of H2D adsorption and Hz desorption.
The adsorbed species have limited mobility on the
graphite surface. The above picture is in agreement
with the strong inhibiting effect wdiich hydrogen is
found tos have on the steam-carbon reaction.
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knowledge the support of the United States Air
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(8) J. Gadsby, C. N. Hinshelwood and K. W. Sykes, Ptoc. Roy. Soc,
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A study of the kinetics of the reaction between uranium hexafluoride and sodium fluoride pellets and crushed pellets

has been made over the temperature range 25 to 68°.
action, involving a cubic particle, is presented.

Derivation of the logarithmic and parabolic laws for gas-solid re-
The reaction appears to proceed initially by a logarithmic mechanism and

then by a parabolic mechanism. A blocking effect is advanced to explain the incomplete reaction with sodium fluoride

pellets.
reaction is presented.

Introduction

The factors which govern the kinetic laws for gas-
solid reactions are: the chemical reactions at phase
boundaries, the diffusion rates of reactants and the
rates of nucleation and recrystallization. Usually
the diffusion process is appreciably slower than the
others and is rate determining. The mathematical
form of the kinetic law describing this process is
dependent upon the particle geometry. For spher-
ical particles with constant surface concentration,
the exact form of the diffusion equation involves a
Fourier series expansion. Serrin and Ellicksons
have shown that this exact solution can be approxi-
mated by the more general parabolic rate law, dx/
di = k/x. For spherical particles the integrated
form is

Kt=pnpn- @ -

where F is the mole fraction converted at time t, and
kg is a constant. This parabolic law is equivalent
to the Fourier expansion within 1% for values of F
up to abouto 6.

Gaseous uranium hexafluoride reacts with so-
dium fluoride to form a solid addition complex of
the formula UFe-3NaF.s Microscopy examination
has shown that the particles of sodium fluoride are
nearly cubic. Derivation of the parabolic law us-
ing the approach outlined by Farrar and Smiths
but based upon cubic particles, yields the inte-
grated expression.

F)V.P (1)

*@ t=1/2+ 1/2(1 - F)V. - (1 - Fyo (2)

where

kcis a rate constant
I%is the initial particle edge
is the fraction converted to product at time, t

If the particle dimensions are included in the reac-
tion constant, equation 2 becomes

k=12 + 121 - F)v. - 1 - PV3=1(B) @3)

where k is defined as the parabolic rate constant.
Thus, a linear plot of/(B) versus tis an indication of
parabolic kinetics. Equation 3 is identical to

(1) This work was performed under Contract AT-(33-2)-1 with the
United States Atomic Energy Commission.

(2) Part 1, Sodium Fluoride Powder, appeared in This Journal,
62, 479 (1958).

(3) Southwest Research Institute, San Antonio, Texas.

(4) B. Serrin and R. T. Ellickson, J. chem. Phys., 9, 742 (1941).

(5) F. E. Massoth and W. E. Hensel, Jr., This Journa1, 62, 479
(1958).

(fiy R. L. Farrar, Jr., and H. A. Smith, ibid., 59, 7G3 (1955).

A physical picture of the various steps of the reaction mechanism for the sodium fluoride-uranium hexafluoride

equation 1 and hence is a good approximation of the
the more rigorous Fourier expansion.

Another useful law correlating extent of reaction
with time for gas-solid reactions, especially for thin
films, is the logarithmic growth law. Although the
logarithmic law has been well established experi-
mentally, it seems to have little theoretical signifi-
cance,7 and is generally regarded as a useful empiri-
cal law for correlating rate data. This law states
that the rate of build-up of film thickness of prod-
uct with time is proportional to the exponential of
X, or

where x is the film thickness of product at time t,
and a and b are constants. Integration of equation
4, following the method of Farrar and Smiths and
assuming cubic particles, gives

I(A) = clog (gt + 1) (5)

where/(A) isdefinedas 1 — (1 —F)Il/*andcand g
are constants.

Other investigatorsss have used the integrated
relationship

F = dlog (hi + 1) (6)

where d and h are constants.

Both equations 5 and s are derived from the
basic law, equation 4. Equation s is for reaction
on a plane surface, whereas equation 5 takes into
account the geometry of the particles (spherical or
cubic). Under conditions where gt is much greater
than 1, equation 5 reduces to

f(A) =clogt+ clogg (7)

Thus, a plot of f(A) versus log t should approximate
a straight line if the reaction follows logarithmic
kinetics.

The fraction converted, F, can be determined ex-
perimentally from weight gain measurements
taken during the reaction. Equation s expresses
this relationship

p TFt — Wo
Wo(Me/3Mo - D (>
where

(7) E. A. Gulbransen, Trans. Electrochem. Soc., 91, 573 (1947).

(8) U. R. Evans, ibid., 83, 335 (1943).

(9) N. F. Mott, J. Inst. Metals, 72, 372 (1946);
36, 472 (1940).

Trans. Faraday Soc.,



Fig. 1—Mole fraction converted, F, versus time, crushed
pellets.

Fig. 2.—}{B) versus time, crushed pellets.

Wtis the weight of sample at time t

Wa is the initial weight of sodium fluoride

Mo is the molecular weight of sodium fluoride

Mc is the molecular weight of the complex, UI'Y INaF

Experimental

Reagents.—One-eighth-inch cylindrical sodium fluoride
pellets were obtained from the Harshaw Chemical Com-
pany. Crushed pellets were prepared by grinding pellets
and screening through a 100-mesh sieve. Both materials
wereFeated overnight at 275° to remove surface moisture and
stored in a desiccator until used. Uranium hexafluoride

F. E M assoth and W E Henseln,
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was purified by several liquefaction and flashing cycles until
the theoretical vapor pressure was attained.

The sodium fluoride powder referred to in this article is the
same commercial product used in the study reported pre-
viously.5

Apparatus.—The apparatus used and the procedure
followed are identical to those described previously.5 The
course of the reaction was followed by the increase in weight
of sample with time under a constant uranium hexafluoride
pressure of 90 mm. Both nickel and helix spring reactors
were used.

Results

Crushed Pellets.—The results of a series of runs
between uranium hexafluoride and sodium fluoride
crushed pellets are graphically presented in Fig. 1
To determine whether the reaction followed parabolic
kinetics, the data were plotted as f(B) versus time
in Fig. 2. The straight line obtained after a short
initial period indicates conformance to parabolic
kinetics. The slope of the straight line is the
reaction rate constant k. The value of the slope
at each temperature was obtained by a least squares
analysis of the experimental points. Variation of
the reaction rate constant with temperature is
given in Fig. 3, where the logarithm of the slope is
plotted against the reciprocal of the absolute tem-
perature. From the least squares slope of rhis
plot, the energy of activation for the reaction was
calculated as 11.4 + 0.5 kcal./mole of uranium
hexafluoride. Hence, the reaction rate constant is
given by the expression

k = 6.05 X 10%_u-40Rr hr.-1

The steep initial slope, shown in Fig. 2, indicates
that a faster reaction occurs initially than would
be expected by the parabolic law. It was found
that the reaction rate in this region can be charac-
terized by a logarithmic growth law. In Fig. 4, a
plot of log tversusf (A) is given for the early period
in the crushed pellet runs. The straight line por-
tions obtained show by reference to equation 7,
that the logarithmic rate law governs the early
stages of the reaction. The time interval ever
which the logarithmic law is applicable is relatively
short—about 300 seconds. On the other hand, the
parabolic law predominates after approximately
one-half hour. Hence, there appears to be a tran-
sition between the logarithmic and parabolic re-
gions.

The logarithmic plot in Fig. 4 is not expected to
hold at sufficiently low values of time. A better fit
for the early period was obtained by use of equation
5. For one run, the resulting equation is

f(Ai) = 0.435 log (0.0138/ + 1)

In Fig. 5, the excellent agreement between the cal-
culated curve (solid line) and the experimental
points for this run is illustrated. Equally good re-
sults were obtained by this method for the other
runs. Thus, the evidence indicates 'he initial re-
action follows logarithmic Kinetics.

Pellets.—The reaction of uranium hexafluoride
with sodium fluoride pellets gave different results
than reaction with the crushed pellets. The data,
presented in Table I, show that the reaction ap-
parently stopped at about 0.4 mole fraction con-
verted. The extent of reaction was less for pellets
than for crushed pellets at all times.
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The initial portions of the curves obtained with
pellets are similar to those obtained with crushed
pellets. Runs with single pellets were made to study
the initial reaction in detail. The results indicate
that the initial reaction with pellets follows loga-
rithmic kinetics. The logarithmic rates for pellets,
single pellets, crushed pellets and sodium fluoride
powder at room temperature are compared in Fig. s .
The logarithmic rates determined for pellets and for
single pellets are comparable and are slightly lower
than those obtained with crushed pellets. The re-
sults obtained previously with sodium fluoride pow-
der show a considerably lower reaction rate than
with either pellets or crushed pellets.

Table |

Reaction Data for Sodium Fluoride Pei.lets

Teﬁé?" Tlrrir;’.e, . Teor’ré;.)., Tlrnr1.e, .
25 0.026 0.233 34 0.25 0.383
.040 .261 1.25 412
.083 .309 3.25 426
.161 .356 67.25 467
.25 371 34 1.00 418
.50 .392 2.00 426
1.00 406 3.00 430
1.50 412 19.70 447
2.00 412 55 0.56 .384
2.50 413 1.20 .395
3.50 417 2.86 404
5.50 419 4.86 410
6.50 419 68 0.50 .336
1.80 .346

The effect of pellet size upon the reaction rate
was studied by using pellets which were cleaved
and screened. The variation of extent of reaction
with time for various sieve sizes is shown in Fig. 7.
A general increase was noted in both extent and
rate of reaction as the pellet size decreased. This
agrees with the work of Cathers and Jolley. .0
Hence, there appears to be a macroscopic particle-
size effect on the reaction.

Surface Area and Microscopy Studies.—Surface
areas of sodium fluoride pellets, crushed pellets
and reacted pellets were determined by both the . . .
BE.Tu and a modified B.E.T. method 12 In Fig. 4—/(A) versus logarithm of time, crushed pellets.
Table 11, the surface area values are listed. The
surface area per gram for pellets is of the same
order of magnitude as that for crushed pellets,
showing that the surface area is not appreciably
affected by grinding. From the surface area value,
the edge of an average cube was calculated to be
16 x After reaction, the surface area of the pel-
lets whas reduced markedly. Upon grinding, these
same reacted pellets roughly doubled in surface
area. Crushed pellets also exhibited a lower sur-
face area after reaction. However, in this case it
was necessary to grind the reacted material before
determining the surface area since it fused into a
hard mass.

(10) G. I. Cathers and R. L. Jolley, “Formation and Decomposi- R . . .
tion Reactions of the Complex UFg'SNaF,” paper presented at the Fig. 5—f{A) versus logarithm of time for a typical crushed

American Chemical Society Meeting, Spring, 1957. pellet run.
11) S. Brunauer, P. H. Emmett and E. Teller, 3. Am. Chem. Soc., P - - - -

60(339 (1938) A limited particle size analysis, 13 of sodium fluo-
(12) F. W. Bloecher, Jr., “A New Surface Measurement Tool for (13) R. A. Miller, “Observation on the Size and Shape of Sodium

Mineral Engineers,” Massachusetts Institute of Technology, April 13, Fluoride Particles,” Goodyear Atomic Corp., Oct. 17, 1957, 12 p,,
1950. 5 p., Topical Report 6 (NYO-504). (GAT-L-419).
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Fig. 6.—f(A) versus logarithm of time for pellets, a single
pellet, crushed pellets, and powder.

Fig. 7.—Mole fraction, F, versus time for various sieve sizes.

Table Il

Surface Area
<— Surface area, m.2g ° -

Crushed

Powder Pellets pellets
Unreacted 0.33 1.38(N) jr 1.48(N)
[ 1.55(N)

Reacted 0.20(K)

Reacted and 0.36(K) J 0.45(K)
ground T0.52(N)
“ N = nitrogen adsorption; K = krypton adsorption.

ride powder and crushed pellets, using light and
electron microscopy techniques, showed a normal
particle size distribution in both cases. The pow-
dered particles exhibited nearly cubic shape while
the individual particles in the crushed pellets were
only roughly cubic. The median particle size for
powder was 1.8 p and for the crushed pellets 0.5 p.
These values are one-third to one-fourth those com-
puted from the respective surface area determina-
tions. This apparent discrepancy will be discussed
later.

Discussion

Reaction of a gas and solid where only a solid
product is formed proceeds at the interface between
the two solids.1« The over-all rate of reaction is
generally the rate at which reactants can reach the
interface. In the early stages, however, the rate at
which new nuclei form by a direct reaction of the
gas with unreacted solid may be important.
Hence, two different mechanisms may be expected.

F. E. Massoth and W. E. Hensel, Jr.
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The evidence accumulated in this investigation
points to a dual reaction mechanism: namely, a
fast initial reaction followed by a slower diffusion
controlled reaction.

Our earlier work on sodium fluoride powders
showed that the over-all reaction kinetics followed
a parabolic law after a brief but rapid initial reac-
tion. Similar parabolic kinetics have been ob-
tained in this investigation for crushed pellets. In
the latter case, however, the extent of initial reac-
tion was considerably greater. We would expect
the rate, and therefore extent, of reaction to be pro-
portional to the surface area. The greater extent
of initial reaction observed for the crushed pellets
as compared to the powder is in agreement with the
larger surface area for the crushed pellets. In addi-
tion, a faster initial rate for crushed pellets might be
expected since microscopic examination showed the
cubic crystals to be more irregular, possessing more
active sites for nucleation to take place.

The experimental results for pellets and crushed
pellets suggest that the initial reaction follows the
logarithmic growth law. Straight lines were ob-
tained by a logarithmic plot of the data for pellets,
single pellets, and sodium fluoride powder, as
predicted by equation 7. In the case of crushed
pellets, however, there is a curvature from
the straight line at low times, but this was ac-
counted for by use of the complete logarithmic law
expression given by equation 5. Hence, it appears
that in all cases, an initial logarithmic rate of reac-
tion was obtained. Unfortunately, reproducibility
between runs was not very good, although a satis-
factory logarithmic fit for each run was obtained.
Thus, duplicate runs gave logarithmic fits with
different parameters. There seemed to be some
consistency of slope between duplicate runs, but
actual pick-up varied. The variation is probably
due to non-uniformity of surface or differences in
microscopic impurities between samples of duplicate
runs. This phenomenon is not rare in gas-solid
reactions; the effect of active surface sites and
crystal imperfections can result in different initial
paths of reaction under “identical” conditions.1-'1
Because of the inconsistency of duplicate runs it
was not possible to evaluate quantitatively the ef-
fect of temperature upon the initial logarithmic
rate.

There is a region between the initial logarithmic
growth and the later parabolic growth which is of an
indefinite character. It cannot be ascertained
whether this is simply a natural transition region
which links the logarithmic region with the para-
bolic and in which both rates coexist to varying de-
grees, or whether a separate mechanism prevails in
this region. It extends over a longer time period
than the logarithmic region but is shorter than the
parabolic. On the other hand, in terms of actual
material converted or reacted it has tlhe smallest
range.

The extent of reaction at the time when parabolic
kinetics begin was considerably greater for crushed
pellets than that found previously for powder.
Since particle sizes for crushed pellets and powder

(14) S. J. Gregg, “Surface Chemistry of Solids,” Reinhold Publ. (15)
Corp., New York, N. Y., 1951.

P. H. Emmett, “Catalysis,” Vol. I,
New York, N. Y., 1954, p. 87.

Reinhold Publ. Corp.,
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are different, it was considered interesting to com-
pare the film thicknesses of the reaction product in
the two cases. Comparison of the hypothetical
film thickness at the time just preceding parabolic-
kinetics for crushed pellets and powder, indicates
that the thickness is of the same order of magnitude
in both cases.1is Thus, the same mechanism is ap-
parently followed for both materials, the parabolic
law being obeyed only after a definite film thickness
of product is formed.

The parabolic dependence for crushed pellets is
in agreement with that found for powder. The ac-
tivation energy for crushed pellets is 11.4 compared
to 13.1 kcal./mole of uranium hexafluoride for
powder. A statistical analysis of the data indicates
that the difference in activation energies is slightly
greater than the experimental error. Nevertheless,
it is reasonable to assume that the same controlling
factor is operative in both cases—namely, diffu-
sion into the interior of the particle by a parabolic
mechanism.

From the above discussion, it appears that the
reaction proceeds initially by a logarithmic mech-
anism and then by a parabolic mechanism. For
oxide films on metals, Cabrera and Mottiz find
that thin films generally obey a logarithmic growth
while build-up of thick films follows parabolic kine-
tics. Riemen and Danielsisin a study of solid state
reactions also propose a dual reaction mechanism to
account for their data. On the other hand, the in-
vestigations of Gulbranson and co-workersis-20 on
oxidation of various metals show over-all parabolic
kinetics with initial deviations. They do not state
whether this is due to a separate mechanism or
simply deviations at short times. Evansaz dis-
cusses in considerable detail various mechanisms to
account for this deviation. Janderz2 proposed
that the initial deviation, in ~he case of reactions in-
volving solids having low thermal conductivity,
might be due to the heat liberated by the exother-
mic surface reaction. This would result in a more
rapid initial reaction rate. Because of the small
initial deviation, the Kkinetics obtained with sodium
fluoride powder may be interpreted either by a sep-
arate initial mechanism or by deviation at low
times. However, the large extent of reaction ob-
tained for the crushed pellets before parabolic kine-
tics begin, almost certainly must indicate that a sep-
arate mechanism prevails in shis region.

It is interesting to compare our results with those
obtained at higher temperatures in a similar study
by Worthington..s He has correlated his results

(16) It is assumed that x/I\ is proportional to 1 - (1 —
The average values for F at the start of parabolic dependency for
crushed pellets and powder are 0.67 and 0.22, respectively. Thus,

x\ X A
(1i). \(10p
But from surface area measurements and light micrographs

(fi)P (f. t» 4 and therefore x,/xc ts 1

(17) N. Cabrera and N. F. Mott, 7epts. Progr. Phys.,
(1919).

(18) W. P. Riemen and F. Daniels, This Jochnal, s:, 802 (1957).

(19) E. A. Gulbranson and k. F. Andrew, J. Electrochem. Soc., 99,
402 (1952); 3. Metals, 2, 586 (1950).

(20) E. A. Gulbransen, Trans. Electrochem. Soc., 83, 301 (1943).

(21) U. R. Evans, ibid., s1, 547 (1947).

(22) W. Jander, z. anorg. allgem. Chem., 166, 3 (1927).
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by a logarithmic law throughout. Over the same
extent of reaction, we found a logarithmic fit with
crushed pellets. Upon further reaction we found a
transition into parabolic kinetics while Worthing-
ton has not obtained data in this region. The fact
that the reaction rates determined by Worthington
are less at high temperatures than those obtained in
this study at lower temperatures might be ac-
counted for by a difference in particle size; i.e., the
powder used by Worthington may have a smaller
surface area than the crushed pellets used in this in-
vestigation. Another factor to be considered is
that since Worthington’s investigation was con-
ducted at a higher temperature, it is possible that
there is a shift of the over-all parabolic mechanism
to logarithmic in this temperature range. A shift
of mechanism with temperature is quite common in
gas-solid reactions.2s2s Finally, in the tempera-
ture region of Worthington’'s study, the decomposi-
tion reaction becomes significant..o A small but
appreciable back reaction might alter the nature of
the forward reaction because of the paramount im-
portance of the geometry of the particle.

It is indeed remarkable that the pellets exhibit
completely different reaction characteristics than
either powder or crushed pellets. They show a rapid
initial pick-up which apparently stops abruptly be-
low the theoretical conversion. The initial growth
for pellets is slower than that for crushed pellets but
faster than that for powder. This can be partially
explained on the basis of surface area. Pellets
have a larger surface area than powder and would
be expected to react faster and to a greater extent
initially. On the other hand, since pellets and
crushed pellets have approximately the same sur-
face area, they would be expected to react at com-
parable rates. That this is not found experimen-
tally may be due to a physical blocking effect in the
pellets which operates even at this low extent of
conversion, reducing the available surface area.

It is necessary at this time to examine the struc-
ture of sodium fluoride. Light and electron micro-
graphs revealed that sodium fluoride powder and
crushed pellets consist of individual cubic crystals
and clumps of these basic particles. The cubic
crystals have a distribution of sizes, and a particle
size analysis gives the median size of a basic cube.
In the surface area measurements by nitrogen ad-
sorption, the total areas of both basic cubes and
clumps are determined. However, since the surface
area determined by nitrogen adsorption is less than
that calculated from microscopy measurements, the
basic cubes in a clump must be partially fused.
Electron micrographs of crushed sodium fluoride
pellets supported this contention. Thus, nitrogen
adsorption gives an average clump size whereas
light microscopy gives an average cube size. This
explains the apparent anomaly in particle size as
determined by the two methods.

Reaction of powder and crushed pellets goes to
completion. However, we must now explain in-
complete reaction in the case of pellets. This can be

(23) R. E. Worthington, “The Reaction of Sodium Fluoride with
llex and Hydrogen Fluoride,” Research and Development Branch,
Copenhurst Works, Jan., 1957, 12 p. (IGR-R/CA-200).

(24) J. T. Wabcr, etal., 3. Electrochem. Soc., 99, 121 (1952).

(25) D. Cubicciotti, 3. Am. Chem. Soc., 74, 1200 (1952).
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accounted for by considering pellets to consist of
aggregates of a large number of clumps. Since
the surface areas of pellets and crushed pellets as
determined by nitrogen adsorption are about the
same, the clumps in the aggregate must be held
loosely, probably by van der Waals forces, which
permits almost complete adsorption of nitrogen on
the individual clumps. Upon reaction whh ura-
nium hexafluoride, the aggregate surface and some
of the interior clumps react rapidly. However, the
addition compound formed results in a considerable
swelling of the aggregate.zs The swelling effec-
tively closes off entry for uranium hexafluoride into
the aggregate by formation of an impenetrable layer
on the outside of the aggregate. This blocking ef-
fect does not occur with powder and crushed pellets
because the clumps which are present are appar-
ently not large enough to limit ‘he reaction by
blocking and complete reaction is obtained.

The impenetrable layer around each aggregate in
the reacted pellets should be of considerable thick-
ness, as is indicated by the appreciable extent of re-
action obtained. This thick layer probably in-
cludes several layers of nearly completely reacted
clumps (the inner clumps in an aggregate being only
partially reacted). The apparent termination of
reaction is accounted for by the thick layer of com-
plex; i.e., since the rate is inversely proportional to
the layer thickness (parabolic law), the rate be-
comes negligibly small for very thick films. Pre-
sumably the reaction is continuing at an immeas-
urably slow rate. If the reacted aggregates are
broken into clumps by grinding, new surfaces will
be exposed so that upon further reaction with ura-
nium hexafluoride, complete conversion should be
attained. This is in accord with our results.

In the screening experiments, we reduce the over-
all size of the unreacted pellets, breaking down some
of the aggregates into smaller aggregates and
clumps. Since clumps are more reactive than ag-
gregates, increased extent of reaccion is expected
with decreasing pellet size.

Mechanism of Reaction.—In any gas solid re-
action mechanism these general steps must be con-
sidered: initial reaction on the surface, adsorp-
tion of the gas on the product formed, trans-
port of unreacted material to the reaction inter-
face and chemical reaction at the interface. We
will now attempt to present a physical picture of
these various steps of the reaction mechanism for
the sodium fluoride-uranium hexafluoride reaction.

Step I. Surface Reaction.—Diffusion of ura-
nium hexafluoride through the gas phase is not
considered a step in the reaction mechanism.
When the uranium hexafluoride molecules strike
the surface of the sodium fluoride, rapid chemical
reaction takes place. This process probably occurs
on active sites, i.e., small areas of high potential
energy.is From these nuclei, the interface spreads
outward by surface diffusion until the entire sur-
face is covered by a layer of product. At the same

(26) Swelling would be expected because of the large atomic diam-

eter of uranium compared to sodium and fluorine. Physical evidence
of swelling was shown by the hardness of the complex after reaction.
It was necessary to use a hammer to break up the product, since the
original powder had become a solid, hard mass.

F. E. Massoth and W. E. Hensel, Jr.

Yol. 63

time there may be some inward penetration of *he
interface, but this rate is much slower than Are
lateral growth because of the retarding effect of Hie
complex formed. Surface reaction is a relatively
rapid process.

Step Il.  Adsorption of Uranium Hexafluoride on
Complex.—After surface reaction is complete, ura-
nium hexafluoride must be adsorbed on the complex
in order for reaction to continue. This is generally
a rapid process and in our case it is not rate con-
trolling. If it were rate controlling, the rate of
reaction would be expected to be proportional to
the external surface area of the particle. Since
there is a swelling of the particle upon reaction, an
increase in surface area would be expected. Hence,
the rate of adsorption should increase proportion-
ally during reaction. However, the rate of reac-

tion, experimentally observed, constantly de-
creased.
Step I11. Build-up of Complex Film to a Definite

Thickness.—The propagation of the interface in-
ward is governed by a logarithmic law. Logarith-
mic growth is generally interpreted on the basis of
recrystallization by repeated cracking and healing
of the film, re-exposing fresh surfaces for reaction. 4
In most of this region the reaction is governed by
logarithmic kinetics. However, near the end of the
region the rate deviates from the logarithmic law.
The deviation is attributed to a gradual shift of
mechanism to parabolic kinetics with a period
wherein both mechanisms coexist to varying de-
grees. When a definite film thickness is attained,
then the reaction follows parabolic kinetics ex-
clusively.

Step IV. Volume Diffusion through the Complex.
—When a sufficient product film is built up as
described in step 111, the rate of reaction is con-
trolled by a slow volume diffusion process through
the film. The product film is stable and the rate
of reaction is inversely proportional to the film
thickness. If the film is not stable (i.e., it cracks
due to swelling or recrystallization, opening up
grain boundary paths) linear kinetics would be
obtained.s Evanss states that the parabolic law is
followed in the case of oxide films on metals when
the film is non-porous and possesses ionic and elec-
tronic conductivity. Fie describes the process as
an outward ionic migration under a potential gradi-
ent associated with vacant sites in the cationic lat-
tice. Gensz has found that fluorine atoms diffuse
rapidly to the surface of sodium fluoride particles
through defect sites. A similar type of mechanism
may occur in our case.

Step V. Chemical Reaction at the Interface.—
Little is known about this step except that it is
fast compared to the parabolic diffusion. If this
step were rate controlling, linear kinetics would be
observed since availability of uranium hexafluoride
to the unreacted surface would be independent of
the film thickness of product. It is not known
whether a sharp interface boundary is present here
or a solid solution type of process takes place.

(27) T. A. Gens, “FI1BExchange between Fluorocarbons and Some

Fluorine-Containing Compounds,” Oak Ridge National Lab., Jan.
1957, 124 p. (ORNL-2363).
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Solvent properties of chlorofluorocarbons have been studied in order to fill the long interval between hydrocarbons and

fluorocarbons.
equation, log % =
ously found is again followed.
0.0388 and 0.0545 mole %, respectively.

The solubility of iodine in 2,2,3-C4ACIF7is 0 1510 mole % at 25°.
13.050 log T — 35.075 where z2is mole fraction.

Between 0 and 35° it accords with the
The relation of entropy of solution to solubility previ-

In mixtures of 8.93 and 12.5 volume % of CCl4with C7# 16 the solubilities of 12at 25° are
Partial molal volumes of Br2and 12 have been determined in solvents ranging
from CF4to CHBr3 including 3 chlorofluorocarbons, and in two mixed solvents, CF¥6CCIl4 and c-CiCIZ8CCh.

The

data are evidence that contacts between halogen molecules and chlorine atoms in the solvents have much higher than ran-

dom probability.

Fluorocarbons, by greatly extending the avail-
able range of internal forces, »have been of great
service in providing stringent tests for theories of
non-polar liquids and solution. However, the ex-
tension has been so great as to leave a considerable
gap in solvent power for iodine between f-heptane
and the poorest hydrocarbon solvent investigated,
2,2-dimethylbutane. The mole fraction of iodine
in the latter at 25° is 26.3 times its value in the
former.

We turned to chlorofluorocarbons to fill in this
interval. Shinoda and Hildebrandzs determined
the solubility of iodine in cyclodichlorohexafluoro-
butane, cC4«CLF6 in (CsFtCOOCH:2)4C, and, to
extend the range at the other end, in CHBr3 We
determined, also, the partial molal volume of iodine
in a number of solvents 2z with the surprising re-
sult that in CCI2FCCJF:z it is 67.7 cc., close to the
value in many non-polar solvents, but rises to 81.2
cc. in c-C4Cl2F6  Glew and Hildebrandio had pre-
viously obtained the value of 100 cc. in perfluoro-
heptane. Because expansion contributes to the
entropy of solution we have considered it impor-
tant to look more closely into this factor.

Solubility of lodine in 2,2,3-Trichloroheptafluorobutane,
CACIF7—We were so fortunate as to obtain a sample of this
compound from Dr. T. M. Reed, and we determined the
solubility of iodine therein in order to supplement other
solubility data. The technique adopted was essentially
that described by Glew and Hildebrand,Dbut the apparatus
was modified for use with a smaller volume of solvent, ~8
cc. The solution was stirred for 20 hours in the presence of
excess iodine; temperatures were controlled to + 0.002°.
The concentration of iodine was determined spectrophoto-
metrically and checked by titration. The solutions obey
Beer's law. The results are given in Table I. The figures
in the last column have been calculated from the equation
log z2 = 13.050 log T —35.111. The entropy of solution
of solid iodine is 25.88. This places it on the straight line
of Fig. 1of ref. 2a, where the entropy of solution is plotted
against the solubility expressed as —R In z2. The solu-
bility parameter of C4ACIF7calculated from its molal volume,
166 cc., and the solubility parameter of iodine at 25° is 6.9, in

excellent agreement with the value 6.92, obtained by Reed
(private communication) from its heat of vaporization.

Tabte |
Sotubitity of lodine in CACIFT, M ore %, 10022
t °c. 0.00 14.80 19.36 25.00 35.30
Obsd. 0.0473 0.0961 0.1184 0.1510 0.2331
Calcd. 0.0479 0.0959 0.1181 0.1509 0.2347

(1) (@ H. A. Benesi and J. H. Hildebrand, J. Am. Chem. Soc., 70,
3978 (1948); (b) J. H. Hildebrand, H. A. Benesi and L. M. Mower,
ibid., 72, 1017 (1950); (c) D. N. Gle-v and J. H. Hildebrand, This
Journal,so, 616 (1956).

(2) (a) K. Shinoda and Joel H. Hildebrand, ibid., sz,
(b) 62. 293 (1958).

292 (1958);

The Solubility of lodine in Mixtures of C#i6and CCl4—
This was determined at 25° in two mixtures of different
composition. The results are given in Table II.

Tabie Il
Solubility of lodine in Mixtures of CFBwien CCl4
Mote % at 25°
Vol. % CCl4 8.93 125
100% 0.0388 0.0545
S from % 6.0 6.3
Sfrom eq. 1 6.1 6.2

S represents the solubility parameter of the mixed solvent
calculated first, from z2 second, by the equation

D —0S @

given by Hildebrand and Scott.3 In this §=denotes volume
fraction, and the subscripts 1 and 3, refer to C#i6and CC14;
Si = 6.0and 3= 8.6. The agreementis quite satisfactory.

Partial Molal Volumes.—We have determined the partial
molal volume of iodine in 2.2,3-CACIF7, to add to those
already at hand,2 but because the low solubility of iodine
in fluorocarbons and fluorochlorocarbons makes it difficult
to achieve the desired accuracy, we turned to bromine in
order more easily to cover the solvents in this region. We
used the rapid method employed in the earlier work, with all
necessary precautions. The solvents were of high purity,
dried as necessary over P25 distilled and run through a
column of silica gel. Bromine was dried with P2s and dis-
tilled under reduced pressure. The mole fraction of halogen
never exceeded 0.004, therefore the values given are virtually
those of the partial molal volume of the halogen, v2 atinfinite
dilution. Duplicate determinations agreed within 0.4 cc.
mole-1. The results are given in Table Ill together with
our earlier values for iodine.

Tabie I

Partial Molal Volumes of Bromine and lodine at 25°

and High Dilution, cc. mole-1

Solvent 5 Br2 1,
n-CTi6 6.0 71.7 100
oCe,CF3 6.1 71.2
cCAC1F6 6.8 64.3 81.2
2,2,3-C4CI3F7 6.9 78.6
CC1lZFCC1F2 7.5 56.9 67.7
SiCl, 7.6 54.9 67.1
CCi4 8.6 54.1 66.7
CHCI3 9.0 53.7 65.6
CSs2 10.0 49.9 62.3
CHBr3 10.5 49.3 60.8
Br2 115 51.5
12 14.1 59.0

The data, are plotted in Fig. 1against the solubil-
ity parameters of the solvents, 5i. Noteworthy is
the slow increase in vz in the case of both halogens,

?3) J. Il. Hildebrand and R. L. Scott, “Solubility of Non-electro-
lytes,” Rcinhold Publ. Corp., 1950, eq. 11, p. 201.
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Fig. 1.

Fig. 2.

as o, decreases all the way from CHBr3 to CCl2F-
CC1F2 followed by rapid rise in both cases from the
latter solvent to C7Fus.

A smooth increase was to be expected on the basis
of the relations

v2 —v2= [ART In 72 (2

where /is the compressibility of the solvent and y2
the activity coefficient of the solute. The points
so calculated are shown in Fig. 1.

The sharp break in the experimental points, how-
ever, calls for further attention. We explain it as
follows.

The major part of the surface area of a molecule
of CC12FCC1F2 consists of chloride atoms. On the
basis of a ratio of 1.33 for the van der Waals radii of
chloride to fluoride, their cross-sections are in the
ratio of 1.8, therefore approximately 64% of the
surface area of this compound consists of chloride,
and its behavior toward bromine and iodine with
respect to both solvent power and partial molal
volume is much closer to that of CClsathan to that

(4) Cl.ref. 3, p. 141.

E. Brian Smith, John Walkley and Joel H. Hildebrand

Vol. 63

of a pure fluorocarbon. However, in C4ClaF7and Cs-
C12F 6 chloride atoms, on the same basis, occupy 49
and 38%, respectively, and the halogen molecules
are more frequently forced to be under the much
weaker attractive potential of fluoride atoms.

We evidently have in these solutions molecules
for which it is appropriate to recognize different
attractive potentials in different parts of their sur-
faces, as was done years ago by Langmuire He
assigned parameters for attractive potentials be-
tween molecules and groups present in molecules,
and invoked the Boltzmann factor to give the prob-
abilities of contacts of various energies.

We undertook to throw additional light upon
this matter by determining the partial molal volume
of bromine in two mixed solvents, permitting the
ratio of chloride to fluoride areas to be varied con-
tinuously.

We used two mixtures, one, C7Fe with CCl4
which has a miscibility gap, the other, C-C4Cl2Fs
with CCls, whose composition can be varied through
the entire range. The results are plotted in Fig. 2
against mole fraction of CClsin the_solvent. The
striking feature is the rapid drop in v2with increas-
ing mole fraction of CCl14 It is much steeper if
plotted against volume fraction. Our interpreta-
tion is:

In the mixture C7F1-CCls, when only a little
CClais present, it can have but little effect in low-
ering the value of vg for Br2 because contacts be-
tween them are rare, but as more CCl4 is added,
they increase rapidly, permitting v2to drop rapidly
toward its value in pure v2 Therefore vz is less
than an additive function of its values in the two
pure solvents.

In the mixture, C4Cl2Fe-CCla, in which there is no
gap, vzagain drops rapidly toward its value in pure
CCla. This curve is not convex upward probably
because chloride atoms are already present in large
excessinthe pure chlorofluorocarbon, and the further
drop is roughly proportional to their increase. It
seems more important to present the evidence for the
concept qualitatively than, at this stage at least, to
make a quantitative calculation by Langmuir’s
method. We remark only that these ternary solu-
tions are obviously not strictly regular (we use
“strictly” here in its proper, adjectival sense) but
that preferred contacts occur -with higher than
purely random probability.

We are determining values of (dP/dT)v for these
solvents in order to study the effects of expansion
upon the entropy of solution.

We gratefully acknowledge the kindness of Dr.
T. M. Reed in supplying the C4Cl3F7, and the
Atomic Energy Commission and National Science
Foundation for the grants that have supported the
work.

(5) 1. Langmuir, “Colloid Symposium Monograph,”
See also, ref. 4, pp. 162-166.

1925, p. 48.
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Thermodynamic and kinetic data are presented for the reversible, NaOH catalyzed hydration of fumarate to d,L-malate

in HD in the temperature range 90-175°.

catalyzed hydration of fumarate to L-malate at room temperature.
Rates are proportional to NaOH concentration at constant ionic strength.

in fumarate and malate.

The equilibrium constants are correlated with those obtained fcr the fumarase-

The reaction follows a reversible first-order rate law
Proton magnetic

resonance was used to show that the methylene protons of malate exchange with deuterons in D2 more rapidly than the

over-all reaction occurs.
malate.

Introduction

The enzyme fumarase catalyzes the reversible
hydration of fumarate to L-malate. Extensive stud-
ies of this reaction have been made.2-4 The effect
of pH on the kinetic constants indicates that acidic
groups of the enzyme are involved in the catalytic
process.6 With the hope of getting a better under-
standing of the mechanism of the fumarase reac-
tion, studies are being made of the catalysis of the
hydration by strong acids6é and bases. For the
latter case,7the reaction may be written

co2-
H C02- 1
\ / H—C—H
C
+ hdD + H—C—OH
c 1
/ \ co2-
2 H
Experimental

Procedure.—Five-ml. samples cf the reaction mixture
were sealed in ten-ml. alkali resistant glass ampules supplied
by Corning Glass Co., and heated to the desired tempera-
ture in an aluminum block thermostat with the temperature
controlled to +0.2°. Sodium hydroxide concentrations
and temperatures were chosen so that the rates were slow
enough so that errors due to the time lag in heating the
samples to temperature were insignificant. Sodium chlo-
ride was used to control the ionic strength.

After being heated, the samples were cooled rapidly and
analyzed, with a Beckman DU spectrophotometer, for
fumarate. The absorbancy A at wave lengths from 270-300
mu is proportional to the fumarate concentration, and
malate does not absorb significantly in this region of the
spectrum. It was, however, necessary to use a blank, i.e.,
a solution of the same NaOH concentration, heated for the
same time, with every sample, to correct for the absorbancy
due to substances dissolved from the glass walls.

Equilibrium Quotient.—Representing sodium fumarate
by F and sodium malate by M, reaction 1can be written

F + HD M (2)
for which the equilibrium constant is given by
fiM _ Q W 3)
WRHO iFdHO

where a represents activity, Q, the equilibrium quotient, is

(1) This research was supported by the National Science Founda-
tion and by the Research Committee of the University of Wisconsin
from funds supplied by the Wisconsin Alumni Research Foundation.

(2) R.A.Alberty, W. G. Millerand H. F. Fisher, J. Am. Chem. Soc
7913973 (1957).

(3) R. A. Alberty, Advances in Enzymology, 17, 1 (1956).

(4) R. A. Alberty and B. M. Koerber, J. Am. Chem. Soc., 79, 6379
(1957) and earlier papers.

(5) R. A. Alberty, J. Cell. Comp. Physiol., 47, 245 (1956).

(6) L. T.Rozelle and R. A. Alberty, This Journal, 61, 1637 (1957).

(7) V. Loyde, Ann., 192, 80 (1878).

The racemization rate of L-malate catalyzed by NaOH is equal to the rate of dehydration of d,1-
A mechanism is presented which is consistent with these observations.

the equilibrium molar concentration ratio of disodium mal-
ate to disodium fumarate, and ym and y? are the corre-
sponding mean ionic activity coefficients. Experimentally,
Q is determined from the absorbancies of a fumarate solution
before reaction and after it has reached equilibrium, i.e.,
Q = (An — Aa)l/A,,.

The following considerations show that fumarate and
malate are the only substances present in the reaction mix-
ture at significant concentrations at equilibrium. A syn-
thetic “equilibrium” mixture, whose composition was
based on the assumption that all the absorbancy is due to
fumarate, showed no change in absorbancy when it was
heated for several half-lives. If a third component were
involved, the fumarate-malate ratio and the absorbancy
of this mixture would have changed upon heating unless the
absorbancy of the third component were just enough to
compensate for the decrease in fumarate concentration.
It is unlikely that it would exactly compensate at all wave
lengths and temperatures studied.

However, samples of 2 M sodium malate in 4 M NaOH,
heated for several days (approximately 100 times as long
as necessary to reach within 1% of fumarate-malate equilib-
rium), showed significant yellow coloration. The yellow
product was separated from fumaric and malic acids by
partition chromatography using a celite column, 0.5 N
HC1 stationary phase and 65% CCUH, 35% butanol as the
eluent.8 The yellow product could be separated completely
from fumaric acid with a 50 cm. column. Since it came off
the column before fumaric acid, it is probably less polar than
fumaric acid. The yellow compound can be titrated™ with
NaOH; therefore, it contains an acidic group. The infra-
red spectrum showed strong absorption in the carboxyl
region. Even under the extreme conditions required to
produce significant, color, the yellow' product amounted
to only 0.5% by weight of the initial fumarate. Therefore,
no further attempt was made to complete the characteriza-
tion.

Reaction Rate Constants.—The reaction obeys the rate law

= /e'n(F)(OH-) —fc'd(M )(OH-) =

iCh(F) - fcd(M) (4)

where Tct is the first-order rate constant for the hydration
reaction; fed, the first-order rate constant for the dehydration
reaction. Both kh and hi are proportional to the (OH-) at
constant ionic strength.

For this reversible, first-order reaction

- log [(F), - (F)e, + log [(F), - (F)eal =
fch + fed
2.303 t®
where (F)o, (F)t and (F)eq are the fumarate concentrations
attimet = 0,t = tandt = <© The rate constants were
obtained by plotting —og (/It — Aeg) vs. t. Linear plots
were obtained when either fumarate or malate was used as
substrate. The individual first-order rate constants, fch and
fed, for the hydration and dehydration reactions were deter-
mined by making use of the additional relation Q = fch/fcd-
Table I summarizes the rate and equilibrium quotient data.
Racemization Rate of L-Malate.—In order to compare
the first-order rate constants for racemization k, and de-

(8) W. G. Miller, Ph.D. thesis, University of Wisconsin, 1958.
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Substrate
T, concn., (NaOH)
°C. M X 10* M

175 10 0.023
10 .100
10 .100
10 100
10 .100
10 .100
10 .100
10 .300
10 .500
~9 ~ .090
150 2 0.108
10 .100
10 .100
10 .100
2 .108
2 .150
2 .302
5 480
125 2 0.217
2" 217
2 217
2° 217
2 .536
2 536

110 2000*» 0.50

“ Indicates malate used as substrate; all others fumarate.

Fig. 1.—High resolution proton magnetic resonance spec-
tra of 2 M disodium malate heated in 0.05 M NaOD, DD at

Tabte |
R ate and E quilibrium D ata for Reaction 1
Li. X 10« fo X 10«
lonic JhX 10, kd X 10, (OH-; (OH)
strength Q sec.'m sec. -* M  1sec. M ~1 sec.”
0.060 0.69 3.1 4.5 136 197
.130 .65 13.7 21 137 210
.330 .70 17.5 25 175 250
.330 .70 21 29 210 290
.530 .74 25 36 250 360
.530 77 29 38 290 380
.530 .78 27 35 270 360
.530 .78 81 103 270 340
.530 .80
~6.0 -1.65
0.117 0.88 3.4 3.8 31 35
.130 0.93 3.5 3.8 35 38
.330 1.00 3.7 3.7 37 37
.530 1.04 5.2 4.9 52 49
546 1.03 6.1 5.6 57 51
.546 1.06 10.0 10.3 67 69
.546 1.06
.50 1.05
0.224 1.42 1.90 1.39 9.0 6.4
224 1.42 1.70 1.20 7.7 5.5
.546 1.49 2.8 1.9 12.8 8.7
.546 1.49 2.8 1.9 12.8 8.7
.546 1.58 7.5 4.8 14.0 9.0
.546 1.49 8.3 5.6 15.5 10.5
6.50 10 147 13.9 294 27.8
4In DD.

90° showing exchange of CH2protons: (a) unheated;

1.2 hr.; (c) 5.0 hr.; (d) 18.9. hr.

()

hydration kd, of L-malate, catalyzed by NaOH, both the
absorbancy and optical rotation of L-malate solutions were
measured as a function of time of heating. To increase
sensitivity, a citrate, L-malate complex of molybdate was
used to increase the small specific rotation of L-malate.
Solutions for optical activity measurements were conveni-
ently prepared by accurately pipetting into a flask 5.0 ml.
of the L-malate solution to be analyzed, 5.0 ml. of 1 M tri-
sodium citrate solution, 1.0 ml. of glacial acetic acid and
9.0 ml. of 29% (by weight) reagent quality ammonium
molybdate solution.9 The specific rotation [<¥%> of L-mal-
ate in this solution is about +1,400, over 500 times that of
L-malate alone. Solutions 10 m If in-L-malate gave optical
rotations of +0.85 + 0.02 at 25° using a 20 cm. cell and
sodium lamp. The first-order rate constants for racemiza-
tion at two temperatures are listed in Table 11, along with
kd obtained from the same samples. The data show that
the rates of racemization and of dehydration of L-malate,
catalyzed by NaOH, are equal.

Table 11

First-order Rate Constants for Racemization fr and
Dehydration kd, of 1I-Malate, Catalyzed by NaOH

(NaOH) lonic kd X 10¢, kr X 10¢,
o M strength sec. 1 sec.-1
150 0.30 0.530 9.7 10.0
175 .10 .530 3.5 3.3

Proton Magnetic Resonance Studies.—Ten-ml. samples
of 2.0 M sodium malate, 0.5 N in NaOH, were prepared and
then frozen and sublimed to dryness under vacuum. The
OH proton of the malate and the protons in the medium
were exchanged out by adding 2-3 ml. portions of D2 and
subliming to dryness three times. The solution then was
reconstituted with DZJ). The NaOD concentration was
checked by neutralizing 1.0 ml. of the solution with excess
standard HC1 and back titrating with standard NaOH.

The solutions were placed in 0.5 mm. o.d. Pyrex tubes
and heated for the desired time in an aluminum block ther-
mostat. The spectra were observed at 40 megacycles using

(9) H. A. Krebs and L. V. Eggleston, Biochem. J., 37, 334 (1943).
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a Varian V-4300 n.m.r. spectrometer equipped with super-
stabilizer.

The complete analysis of the proton magnetic resonance
spectra of disodium malate in D2 ,10using the methods de-
scribed in recent publications, 1112 makes it possible for the
chemical shift, 6, of particular protons and the spin-spin
coupling constant, A  between preton pairs to be calcu-
lated. From a knowledge of the chemical shifts of the three
protons and of the three coupling constants for pairs of pro-
tons, the spectra of various partially deuterated malates
can be predicted. Table Il lists the resonance frequencies
(relative to HD in a capillary) at 40 Me. for the protons in
dipotassium malate and three partially deuterated dipotas-
sium malates.13

Table 11
Proton Magnetic Resonance Frsquencies (Relative
to Water) at 40 Me.
Partially Deuterated Malates in D2

for Dipotassium Malate and

Compound
Struc- Frequencies of resonance (C.p.s.)
Symbol ture Methine Methylene
Na2M a 7.0, 11.8, 15.4, 62.9, 67.5, 77.8,
19.6 78.9, 81.5, 86.6,
93.6, 101.0
hiaZDbM b 11.9, 14.9 74.6, 77.6
Na2DcM c 8.8, 18.2 81.5, 90.9
NaZDbDcM d 13.4
CO~ CO~
a b
c d

As shown in Fig. 1, when solutions of 2 M sodium malate
in DD, containing 0.5 N NaOD, were heated to about 100°,
the resonance lines associated with the methylene protons
disappeared. In addition, while the spectrum in the meth-
ine region changed from a quadruplet to a singlet, its in-
tensity remained virtually constant. This showed clearly
that methylene protons were being replaced by deuterons
from the medium. The spectrum of Na2DcM in both
methylene and methine regions is evident in spectra (b) and
(c). The NaDbM lines are not resolved from those of Na2vi
and NaDbDcM. Lack of resolution is partly a result of
quadrupole broadening and the unresolved spin-spin split-
ting due to the deuterium. After prolonged heating, vir-
tually all the methylene protons are exchanged and the
spectrum of Na2DbD, M predominates.

If one assumes, as a first approximation, that the ex-
change of CH2protons in DD-Na0OD is random and not
affected by a deuterium on the same carbon, that the con-
centration of protons in the medium is negligible, and that
thereis no incorporation of deuterium through dehydration to
fumarate and subsequent addition of D2, the rate of ex-

(10) R. A. Alberty and P. Bender, J. Am. Chem. Soc., 80, 542
(1958).

(11) H. J. Bernstein, J. A. Pople and W. E. Schneider, Canadian J.
Chem,, 35, 65 (1957).

(12) H. S. Gutowsky, C. H. Holm, A. Saika and G. A. Williams,
J. Am. Chem. Soc., 79, 4596 (1957).

(13) The proton resonance lines of disodium malate appear at
slightly higher frequencies, relative to 11*0 in a capillary, than the
corresponding lines in the dipotassium malate spectrum.
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Fig. 3.—Temperature dependence of Q for reaction 1
at 0.10 ionic strength: e, experimental points, fumarase

catalysis; O, experimental points, NaOH catalysis. Line
given by log Q = 9.932 + 363/71—4.127 log T.
change of a methylene proton can be calculated. The ex-
change reaction then can be written
K, hi
Na2vi — > (Na2DbM + NaD,M) — >
NaJDbDoM  (6)
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For this system the concentration of NaZDbM + NaZ2cM
reaches a maximum at tm — 0.693/fc4 The area under
the peak (90.0 c.p.s.) which appears in methylene region
of the n.m.r. spectrum of the heated samples (c) is a measure
of the NaZDcM concentration. Comparison of spectra from
a series of samples heated for different times makes it pos-
sible to calculate im, and k, to within £10%. Alterna-
tively, the total area under the methylene proton peaks is a
measure of the concentration of NajM + Yjj(NaiDbM +
Na2DcM). This area reaches half its original value at 1.70
half-lives, according to mechanism (6). Designating this
time as ¢a, kt = 0.693 X 1.70/i». The values of k, at 90
and 110° determined by these approaches are 4.7 X 10-5
sec.-1and 27 X 10-5sec.-1, respectively.

Results and Discussion

lonic Strength Dependence of Q.— The following
considerations indicate that a linear dependence of
log Q on ionic strength is expected at ionic strengths
below 0.5. From (3)

log Q = log K + log yF - log yM+ log amo (7)

A term linear in ionic strength often is added to
the Debye-Hiickel limiting law in order to represent
the activity coefficient data of an electrolyte over a
wider concentration range. With this modification,
the mean ionic activity coefficient of a salt, y+, is
given by

+ &
where A and B are constants for a particular solvent
and temperature, a and C are constants charac-
teristic of the solute, z+ and z- are the ionic
charges, andy is the ionic strength. If ais assumed
to be the same for fumarate and malate, the log-
arithm of their activity coefficient ratio is given by
(CfF —CmV, and (7) becomes

logQ = log K + (CFf—Cm)h + log aaso (9)

In the region where the activity of HD does not
change significantly with electrolyte concentration,
aplot of log Q vs. y should be linear with slope (Cp —
cm). For NaOHu and NaCls solutions from zero
to 0.6 ionic strength the activity of I1-0 decreases
from 1.00 to 0.98. Therefore, the log amo term in
(9) contributes only about 0.01 to log Q aty —
0.60 and would hardly be detectable in these meas-
urements.

A plot of log Q vs. y is shown in Fig. 2. The best
straight lines drawn through the experimental
points at 125, 150 and 175° all have a slope of 0.13
+ 0.02. Though no data are available on the ac-
tivity coefficients of sodium fumarate or malate, C
values at 25° for sodium formate (0.148) and sodium
acetate (0.252)%indicate that 0.13 is a reasonable
value for Cp — Cm.

The value of Q obtained by extrapolation to zero
concentration is taken as K.

A comparison can be made of the ionic strength
dependence of Q observed in these experiments and
that obtained by Bock and Alberty for the fuma-
rase-catalyzed reaction.»z They obtained values
of Q from 0.5 to 0.1 ionic strength which yield a
slope of 0.12 for the log Q vs. y plot, indicating that

(14)
(1940).

(15) R. R.
(1945).

(16) E. A. Guggenheim, Phil. Mag., [7J22, 322 (1936).

(17) R. Bock and R. A. Alberty, J. Am. Chem. Soc.,
(1953).

G. C. Akerlof and G. Kegeles, J. Am. Chem. SoC., 62, 620

Robinson, Trans. Proc. Roy. Soc. New Zeal.. 75, 203

75, 1720

Luther E. Erickson and Robert A. Alberty
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the ionic strength dependence of ¢ is essentially
independent of temperature from 25 to 175°.
Therefore, a plot of log @ vs. 1/7 yields An - for any
series of determinations at constant ionic strength
less than about 0.5.

Thermodynamic Functions.— From studies of the
temperature dependence of o for the reaction cata-
lyzed by fumarase aty = 0.10 and pH 7.3, between
5 and 40°, Bock and Alberty obtained ano =
—3960 = 100 cal./mole.I7 Since ihese data were
obtained at pH 7.3, where divalent fumarate and
malate are the only significant species, the q values
can be compared directly with those obtained in
this research. Figure 3 is a plot of log @ vs. 1/7
including representative experimental points for
the fumarase reaction. When the experimental
values of @ for the enzymatic and non-enzymatic
reactions are compared, the ¢ of the enzymatic
reaction must be doubled since it is defined as
(1— m)/(f) rather than [(1—m) + (d— m)1/(¥).
Over a limited temperature range, each set of data
yields a straight line, but the slopes differ consid-
erably. The data were fitted by the method of
least squares, assuming AC°P = C°PM — c %
(A is constant over the temperature range 5-
175° and ¢ = 14.2 at5°. Thisyieldsac-r = —8.2
cal. mole-1 deg.-1 and the expression

log Q = 9.932 + 363/T7- 4.127 log T

(10)

which is plotted in Fig. 3. No data are available
on the heat capacities of aqueous fumarate and
malate solutions. However, since for these_dilute
solutions cPHO = 18 cal. mole-1 deg.-1, C°Pm =
C°FF = 10 cal. mole-1 deg-1, which is reasonable.18

The values of Keg, A//°, AF°and AiS° for the reac-
tion are recorded in Table IV. The entropy de-
crease is probably to be expected in going from
fumarate plus water to malate.

These results can be compared with the data for
the corresponding acid-catalyzed reaction. For
acid-catalyzed hydration of undissociated fumaric
acid to malic acid, Rozelle and Alberty6 obtained
A*S® = —16 cal. mole-1 deg.-1 and AH®°a = —4900
cal. mole-1 in the temperature range 125-200°.
The Ax - for the acid- and base-catalyzed reactions
are not independent but are related through the
enthalpies of ionization of fumaric and malic
acids.I/ Recent determinations of AEm, and
an M, the enthalpies of ionization of malic acid,19
obtained from ionization constant measurements
from 5 to 50°, allow us to calculate the enthalpy
change for the acid catalyzed reaction from

AH\ = A//0, -j- (AHF -f- AHTi) —

(A FEMI + (11)

where A/7°a and awn\ represent the enthalpy
changes for the acid- and base-catalyzed reactions,
AHfi and A/7f, the enthalpies of ionization of fu-
maric acid.D st 25° An\ calculated from equa-
tion 11 is —5900 cal. mole-1 deg.-1. From the dif-
ference in An\ at 160 and 25°, AC°P for the acid-

(18) H. S. Harned and B. B. Owen, “The Physical Chemistry of
Electrolytic Solutions,” Reinhold Publ. Corp., New York, N. Y.,
1950, p. 246.

(19) M. Eden and R. G. Bates, Chicago A.C.S. Meeting, September,
1958.

(20) E. J. Cohn and J. T. Edsall, “ Proteins, Amino Acids and
Peptides,” Reinhold Publ. Corp., New York, N. Y., 1943, p. 82.
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catalyzed reaction is +7 + 3 cal. mole-1 deg.-1.
The fact that AC°pfor the acid-catalyzed reaction is
+7 while A(7(pfor the base-cata.yzed reaction is — s
probably reflects the increased rotational freedom
of the undissociated malic acid as compared to the
divalent malate anion.

Kinetic Data—Both fh and fcd obtained at
NaOH concentrations between 0.10 and 0.53 M
and constant ionic strength, are nearly directly
proportional to NaOH concentration. This is
shown by the near constancy of fch/(OH-) and fod/
(OH-) at a given ionic strength and temperature.

The activation energies for both forward and
reverse reactions were evaluated by plotting log
k/(OH-) vs. I/T at constant ionic strength. Linear
plots were obtained at ji = 0.54 with data at 125,
150 and 175°. At the lower ionic strengths, data
at only 125 and 175° were available for the plot.
Values of the Arrhenius activation energy E were
obtained from these plots; AH* = E — RT and
AS*, Icalculated from absolute rate theory, are
listed in Table V. Values of AH* and AS* for
the corresponding HC1 catalyzed reaction are in-
cluded for comparison.

Table IV
Thermodynamic Data for Reaction 1
AS»,
AF», All«, cal.
T. kcal. keal. deg.-1
°C. K mole“1 mole” 1 mole-1
25 8.4 -1.26 -4.1 -9.5
125 1.34 -0.23 -4.9 -12
150 0.89 +0.10 -5.1 -12
175 0.65 +0.39 -5.3 -11
Table V
E nthalpies and Entropies op Activation for Reaction
ASh", ASd-,
Affh-,  AHd~, cal. cal.
lonic keal. keal. deg.-1 deg.-1
Catalyst strength  mole-1 mole-1  mole-1  mole-1
NaOH 0.54 19 24 -34 -22
NaOH .33 22 27 -28 -17
NaOH .13 19 24 -35 -23
1XHC1 1.0 22 27 -26 -10

Mechanism of the Reaction—The results of
these three types of experiments suggest the mech-
anism shown below

The Mechanism of the Base-catalyzed Hydration of Fumarate to Malate

H co2 H co2
\ ) Y
C fei' -C
H- + 1 ¢ =
C fc, c
/I \ Ik \
-02 H ~OC30H H
Fumarate, F Intermediate, |
H C02 H H CO.-
\ / L \ f/
-C for' C
1 + hd | +OH
c ot c
k / 1\
-02C OH H

/ \
,C OHH
1

d,L-malate, M
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The mechanism provides for the fact that the hy-
dration reaction is first order in fumarate, the de-
hydration, first order in malate, and that both
and T are proportional to (OH-). In addition
this mechanism provides for exchange of methylene
hydrogens through the intermediate and does not
permit racemization of L-malate except via fuma-
rate.

Rate Constants for Mechanism 12.—If it is as-
sumed that the intermediate is in a steady state,
the relation between the four rate constants in this
mechanism and the rate constants r«n and rd, 0Ob-
tained spectrophotometrically, is given by

kh — fciwCfo + k3); ki =

where fc, =
¢'»(OH-).

Some idea of the relative magnitudes of fci, fc2, fc3
and fu can be obtained from a comparison of the
rate of exchange of methylene protons and «n and
rca determined under the same conditions. Neglect-
ing incorporation of deuterium into the methylene
position of malate via dehydration to fumarate and
subsequent addition of D2z , the first-order rate
constant for exchange calculated from n.m.r. stud-
ies is just for in mechanism 12. With a sample of 2
M Na:M, 0.5 N NaOD in DD at 110°, for = 27 X
10-5 sec.-1. Spectrophotometric analysis of the
same samples yielded fth = 15 X 10-5 sec.-1 and
red = 1.5 X 10-ssec.-1. From (13) fo/fcz = fearfca —
1~ 19. Therefore, fti = fch(l + fo/fcd = fh

The magnitude of f can be estimated by con-
sidering the first step in the dehydration of malate.
The equilibrium constant for this step is given by

K = kivkt = (M)(OH-)/(1) = Kw/A»  (14)

where K &is the acid dissociation constant of the
methylene proton in malate. Pearson and Dillon
suggest a value of K&= 10-24 for the methyl pro-
tons of acetate ion.z1 Their estimate is based
on the rate of OD- catalyzed exchange of methyl
protons of acetatez: and the assumption that the
ratio of rates of removal of protons by HD and
OH- is the same as in acetone, as determined from
bromination rate studies. The rate of exchange of
methyl protons by acetate ion is within a power of
10 of the rate of exchange of methylene protons of
malate at 100°, and both reactions have a activa-
tion energy of about 22 kcal. mole-1. Since Awzs
at 110° is 3 X 10-13, Aw/Ka = fo/fca = 3 X 10“.
Hence fc, = 3 X 10u X 27 X 106 sec.-1 S 108
sec.-.1 and fo = fct319 = 5 X 10s sec.-1 at 110°.
Thus, both fo and fo are much greater than either
fci or fo4

Acknowledgment.—The authors are indebted to
Prof. P. Bender for assistance with the proton mag-
netic resonance experiments.

(21)
(1953).

('22) K. F. Bonhoeffer, K. H. Greib and 0. Reizt, J. Chem. Phys., 1,
664 (1939).

(23) H. S. Harned and B. B. Owen, J. Am. Chem. Soc., 75, 493
(1953).

kikiZik-t + fc3  (13)
fc'rOll-), fo = fc's(H20). and fo =

R. G. Pearson and R. L. Dillon, J. Am. Chem. Soc., 75, 2439
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The Knudsen-gage radiometer technique has been used to measure gas-kinetic collision diameters for 17 halomethanes
with a probable error of £1% at 340, 415, 512 and 610°K. These results together with literature data for five additional

halomethanes have been fitted with Lennard-Jones (12-6) potential constants using Hirschfelder's method.
viscosities are listed for the 22 halomethanes at the four temperatures.
Necessary parameters are tabulated from which values of the collision

well correlated with the molecular polarizabilities.

Calculated
The derived L-J force constants are found to be

diameters for the remaining 47 halomethanes may be predicted with an estimated uncertainty of less than +2%.

Introduction

The correlation of molecular size with polariz-
ability in terms of intermolecular potentials:
has led to the present study of the halomethanes.
The radiometer techniquez was used to determine
collision diameters. It has the advantage of being
rapid and moderately accurate (% 1%). The
method makes use of the fact that the deflection of a
Knudsen gage reaches a maximum when the mean
free path of the gas equals a certain critical di-
mension of the gage.

Using the rigid sphere model of a gas molecule,
Webers has shown that the maximum deflection
(dm may be related to the mean free path (X)
and the number of molecules per unit volume (n)
through the equation

ej\n = C (1)
where C is a characteristic constant of the gage,

\n = I/\/2 X cos2 and vrs is the rigid sphere
diameter. Some minor qualifications must be made
for effects like thermal accommodation and

mechanical imperfections of the gage. For real
molecules (with force fields) cwos is a decreasing
function of temperature and, moreover, differs
according to the particular transport property under
consideration. Although the viscosity enters for-
mally into Weber's theory, there is uncertainty as to
the fundamental transport property involved in
the region of the maximum deflection.

In the present work the Knudsen gage has been
treated as an empirical instrument for determining
outss The constant C was evaluated using gases
of known ors. For consistency all calibrations
were based on values obtained from viscosity data.
From the temperature dependence of crSit is pos-
sible to estimate the Lennard-Jones (12-6) potential
(L-J) force constants, <« and e/k, by means of the
proper viscosity formulasa

Vmt

vX 107= 26693 " " X fV

0.9840-rs2

266.93

@

from which

(1) See, for instance, W. Brandt, J. Chem. Phys., 24, 501 (1956).

(2) E. Weissmann, Vakuum-Tech., 3, 152 (1954).

(3) S. Weber, Kgl. Danske Videnskab. Pelskab, M at.-fys. Medd., No.
24 (1947).

(4) J. O. Hirschfelder, C. F. Curtiss and R. B. Bird, “Molecular
Theory of Gases and Liquids,” John Wiley and Sons, Inc., New
York, N. Y, 1954,

The expression between brackets is a function of
e/k and the absolute temperature only. The
symbols have the usual meaning (ref. 4), with a,
e/k and N expressed in units of A, °K. and g.
cm.-1 sec.-1, respectively.

Experimental

The Knudsen gage was of the type described by Klumb
and Schwarz.5 It was constructed entirely of Yycor and
quartz. A silver damping vane was sealed inside two
quartz plates; a platinum mirror was made by baking a coat
of “Liquid Bright Platinum” (Hanovia Chemical Co.) onto
the inside surface of one of these plates. The gage was
placed inside a vertical, cylindrical furnace provided with a
window. A large permanent magnet for damping was lo-
cated outside of the furnace. Stirring in the furnace was
accomplished with a current of preheated air.

The pressure in the gage was increased stepwise by means
of a gas pipet system until the point of maximum deflection
had been passed. It was not necessary to know the pressure
(ca. 10fi(microns)) at the point of maximum deflection; only
the value of 8mwas required.

The purity of all compounds used was greater than 98%.
C.p. gases (Matheson Co.) were used without further puri-
fication. Other gases were examined mass-spectrometri-
cally. Liquid samples were checked by measuring the index
of refraction and/or vapor pressure.

Results

Five halomethanes served as primary standardss
for the calibration of the Knudsen gage. Vis-
cosity data from several sources were smoothed
with the aid of the L-J potential. The force
constants a and es/k obtained in this manner were
thus consistent with the values of urs calculated
directly from the smoothed data. Good agree-
ment was obtained with the values of urs listed in
Landolt-Bornsteinz (derived from the same sources
of data).

The maximum deflection of the Knudsen gage
followed an equation slightly different from (1);
it could be represented by the expression

In X ors2= a('T) + bOm (4)
dmis in arbitrary scale units, b = 2.78, a(T) is
a temperature dependent gage constant, and T is
the effective temperature of measurement defined
as (V3 (th + 7o ,where th and T qare the tempera-
tures of the hot and cold walls, respectively. The
gage constant a(t) (determined from the calibra-
tion data using eq. 4) showed a dependence on T
at the four temperatures chosen for the present
study

(5) H. Klumb and H. Schwarz, Z. physik, 122, 418 (1944).

(6) A number of other molecules (of known ctrs) were measured as
secondary standards. They served as a check on the characteristics
of the gage.

(7) Landolt-Bornstein,
Verlag, Berlin, 1950-51.

“Zahlenwerte und Funktionen,” Springer-
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Gas-kinetic Collision Diameter of the Halomethanes

TA3LE |

Calibration Standards (Halomethanes)

Viscosity from lit., ~ut X 10®

ORS f
ors from eq. 4
Molecule 340°K. 415°K.
1. CHZX1- 122.1 149.3
5.40 5.13
5.43 5.12
2. CHsBr4 154.2 189.3
5.62 5.34
5.65 5.31
3. CH,CIh 114.7 140.8
6.34 6.02
6.31 5.96
4., CHCh"® 117.6 142 9
6.82 6.50
6.88 6.56
5. CC14"J 113.0 137.9
7.41 7.05
7.39 7.08

“ H. Braune and R. Linke, Z. physik. Chem., A148, 195 (1930).
dE. H. Sperry and E. Mack, Jr., 3. Am. Chem. Soc., 54, 904 (1932).

:T. Titani, ibid., 8, 255 (1933).

T, °K. 340 415

a{T) 46.3 49.5

Table I summarizes the data on the five stand-
ard halomethanes and includes values of ors
back-calculated from the observed 9mwith equation
4 to indicate the accuracy of the calibration fit.

Table 11 gives the experimental results for seven-
teen other halomethanes. The L-J force constants
obtained from the temperature dependence of
ors were used to calculate a second set of viscosities.
It is seen that they reproduce the data within the
precision of the measurements.

Correlation with Polarizability.—Over the tem-
perature range studied it was found empirically
that ors may be expressed accurately (+ 1%) as
a function of the polarizability, a(4 .}, as

Methyl halides: ors = G(T)cfl-**
All other halomethanes8 ors = F(T)a'G

512
51.9

610
53.2

(5)
(6)
The temperature dependent constants were de-
termined to have the values

T (°K.) 340 415 512 610
F(T) 3.39 3.23 3.08 2.97
G{T) 3.87 3.66 3.48 3.36

Equations 5 and s, together with (2), permit a
rapid calculation of viscosity (at four tempera-
tures) for any halomethane, with an estimated
uncertainty of 2 or 3%. They may also be
useful for the estimation of collision numbers for
application to chemical kinetics. However, for the
purpose of extending the temperature range and
for calculating other transport coefficients inter-
molecular potential constants would be more useful.

Although the L-J potential is intended only for
application to spherical, non-polar molecules, it
serves to correlate the present data over the range
340-610°K. within experimental error. Omitting
consideration of the methyl halides, equation s
implies an oversimplification for the remaining
sixty-five halomethanes. The fact that ors ap-
pears to be uniquely determined by a at each tem-

iSi With the exception of CHsFa, CHF, and CFr that it to say, for

a < 3

711
fitted to fliit
512°K. 610°K. » (A) e/k (°K.)
183.4 216.5 4.05 412
4.88 4.69
4.88 4.70
233.4 273.0 4.16 ' 434
5.07 4.87
5.09 4.88
173.3 204.8 4.70 427
5.71 5.49
5.68 5.47
173.9 203.4 5.47 317
6.22 6.01
6.21 6.00
168.1 197.0 5.83 339
6.73 6.49
6.73 (decomp.)

4T. Titani, Bull. Chem. Soc., Japan, 5, 105 (1930).

Fig. 1.—Brandt’'s modified dispersion formula (eq. 7) for
22 halomethanes. See Tables I and Il for the numbering
of the compounds. The solid circles are values calculated
from Table I11; they are labelled with the appropriate value
of Ar (14e, 20e, 26e and 32e).

perature is equivalent to a statement that the L-J
force constants are single-valued functions of a.
Actually, small deviations of ors from equation 6
give rise to significant changes in a and t/k for
any one compound. If log «and leg t/k (from
Tables I and I1) are plotted against log a, three
distinct pairs of lines are obtained corresponding
to the three iso-electronic series (plus a fourth pair
for the methyl halides). The t/k plot, however,
is rather scattered, due, in part, to the difficulty
in determining this parameter accurately.
smoothed set of curves of log t/k vs. log a were
derived which are consistent with equations 5 and s
and the values of a from Tables | and Il. Table
111 gives the final set of force constants expressed
as a function of a for each iso-electronic series (here
N is the number of electrons in the molecular val-
ence shell).

Table 111 has been used to calculate (with eq. 2)
the viscosities of the twenty-two halomethanes
used in this research. Comparison with viscosities
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Table |l
R esults for 17 Halomethanes
L ors ()A)g from eq. 4
-J (12-5) 1) X 1@from s
Molecule A arametegik (°K.) 340°K. 41ij5°XK.10®fmm o pgrlazngﬁt?rs 610°K.

6. CHZF 3.73 333 4.72 4.47 4.30 4.17

131 161.5 194 225

131.5 160 195 228
7. ch3 4.23 519 6.03 5.72 5.38 5.15

164 201.5 253 301

166 204 252 300
8. ch2r2 4.08 318 5.12 4.85 4.61 4.49

138 170 206 240

139 169 205 240
9. ch2fci 4.48 318 5.62 5.33 5.08 4.94

131 161 197 227

132 160.5 195 228
10. CHZXIBr 4.88 410 6.50 6.18 5.88 5.67

135 165 202 237

135 165 202.5 239
11. chia?2 5.16 630 7.65 7.40 6.92 6.61

140 165 210 251

1395 170 210 251.5
122 ch¥3 4.33 240 5.07 4.85 4.67 4.56

163 197 236 270

163 196 235 271
13. chfZi 4.68 261 5.63 5.33 5.13 5.03

147 181 217 246

149.5 180 217 251
14. CHFCIBr 5.13 345 6.56 6.22 5.96 5.75

141 1735 210 246

142 173 211 2475
15. CHCIL.Br 5.25 427 7.07 6.74 6.46 (decom-

128 156 1925 posed)

128 157 193 228
16. CHBr, 5.33 559 7.70 7.36 6.92 6.60

134 162 204 245

134.5 164.5 204 243
17. CF, 4.63 145 4.93 4.75 4.65 4.59

193 230 266 298.5

191 227 266 302
18. CF31 4.96 188 5.55 5.30 5.14 5.09

166 201 239.5 264

168 199 236 270
19. cfXi2 5.25 253 6.27 5.94 5.71 5.59

140 172 207 236

142.5 171 206 238
20. cfcil3 5.44 334 6.90 6.54 6.27 6.04

123 151.5 S35 215

124 151 184 215
21. CF3Br 5.01 235 5.87 5.59 5 38 5.26

177 216 259 295.5

179 215 257.5 297
22. CBn 6.12 442 8.25 7.97 7.48 (decom-

134 158.5 200 posed)

132 161 199 235.5

listed in Tables I and Il yields an average deviation
of £ 2%.

The L-J parameters are to be considered merely
convenient aids in calculation when applied to
polar and non-spherical molecules. Nevertheless,
the fact that they can be correlated with polariz-
ability does suggest a limited physical significance.
It is of interest to see whether the separation of
Table 111 into four iso-electronic series is reasonable
in terms of the theory of dispersion energies. The

Slater-Kirkwood formula leads to the relation: in
terms of the L-J potential

4eab = B(Na3P (7)

where B — 12.58 X 10-e0 erg cm.g and ? = /2
It has been found by Brandt: in a survey of a
number of non-polar and spherically symmetric
molecules that, empirically, B = 11.1 X 10-60
ergcm.sand 3= 0.62. The straight line in Fig. 1
represents equation 7 using Brandt's constants.
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Table Il

Smoothed Values of L-J Parameters for the

Halomethanes as a Function of Polarizability

CHr- CEL- CEI- C-

N S R Rk WA

A)  (A) TO (A) C(K) (A) CK) (A) CK)
3 3.80 346

4 3.95 388 4.37 304 459 245 4.88 170
5 4.06 428 4.52 352 4.75 286 5.06 206
6 4.16 461 466 398 490 324 521 239
7 4.24 490 4.78 440 5.02 360 5.36 269
8 4.32 519 4.89 482 5.13 394 5.47 297
9 4.98 520 5.22 426 5.59 324
10 5.07 558 5.32 458 5.69 350
12 5.22 628 5.48 518 5.86 396
14 5.35 696 562 574 6 03 434
16 5.47 760 5.73 628 6.15 466
18 5.57 820 5.85 678 6.28 490
20 5.66 880 595 730 6.40 514

Results for the twenty-two halomethanes are seen
to follow this line, though with considerable scatter.
Points calculated from Table 111 show more clearly
that the iso-electronic series have retained some
individual character (in particular, the methyl
halide series, IV = 14). This may reflect the polar,
non-spherical character of the majority of the halo-
methanes studied.

The application of a three parameter potential
function taking into account the permanent
dipole moment (such as the Stockmayer potential)
is not justified by the accuracy of the present
results. Similarly, the introduction of a third
parameter involving the moments of inertia is not
warranted, although there is evidence that these
molecules transfer rotational energy readily. How-
ever, even the two parameter L-J potential should
probably be adequate to predict the correct de-
pendence of ors on the particular type of transport
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estimate self-diffusion coefficients using the meth-
ods outlined in ref. 4.

Values of a for many of the sixty-nine halo-
methanes are known or may be derived from re-
fraction data7w Most of these readily may be
calculated to within + 2% using the bond polariz-
abilities (A.3: CH = 0.63, CF = 0.72, CCl1 =
2,52, CBr = 3,57 and Cl = 5.35. Halomethanes
for which data are known and for which a disa-
grees by more than +:2% with calculation based
on the above bond values are

Com-
pound CHsCI CHla CBr«
a (A3 4.64 17.7 14.8

Note on Stannic Chloride.—An unusual set of
force constants have been reportedu for SnCls
(@ = 4.54, e/ffc = 1550) presumably derived from
viscosity data. It is of interest to attempt to
estimate the L-J constants for this compound by
applying Table Ill. Using a value of a = 13.81
and N = 32, force constants of « = 6.01 and e/k
= 430 are predicted. A comparison of the fit of
these constants to the original viscosity data is
given in terms of ors

(wE.) (from 1) Caled.
381 8.00 7.95
494 7.58 7.44
675 7.05 6.95
865 6.75 6.56

Acknowledgments.—The authors appreciate the
support of this work by the U. S. Atomic Energy
Commission, Division of Research, Contract AT-
(11-1)-321, and the Alfred P. Sloan Foundation.
Thanks also are due to Mr. J. N. Doshi for his as-
sistance with some of the calculations.

for five halomethanes using the two L-T parameters from Tables |

property.s Thus Table IIl could be used to and 11, neglecting the dipole moment. The calculated values deviated
appreciably from the known experimental values of the second virial
9) It should be pointed out, however, that the same two parameter coefficient.

fit is not expected to be satisfactory for the calculation of the second
virial coefficient for a polar molecule. As pointed out in ref. 4 (Sec.
3.10b), there should be a strong dependence upon the dipole
moment. To explore this point, sample calculations were carried out

DIELECTRIC DISPERSION

(10) A. 1. Vogel, J. Chem. Soc., 636 (1943);
1937, Leiden.

(11) J. O. Hirschfelder, R. B. Bird and E. L. Spotz, Trans. Am. Soc.
Mech. Engrs., 71, 921 (1949).

J. M. Stevels, Thesis,

IN GASES AT 9400 MEGACYCLES1

By James E. Boggs, James E. Whiteeord and Carol May T hompson

Electrical Engineering Research Laboratory and Department of Chemistry,
The University of Texas, Austin, Texas

Received October 16, 1958

The dielectric constants of 25 gases have been measured at 9400 megacycles over a range of pressures and temperatures.

Many of these gases show a lower orientation polarization at this frequency than at low frequencies.

Although quantita-

tive calculations are not possible for the asymmetric top molecules reported, the results are compared with previous observa-

tions where the dispersion has been connected with molecular inversion.

Certain substances, notably those with Civ molec-

ular symmetry, do not exhibit dielectric dispersion of a measurable amount, although molecular inversion should be possible.

Recent papers from this Laboratoryz-4 have re-
ported dielectric constant values for 21 gases meas-

(1) This work has been supported by Air Force Contract AF
33(616)-2842.

(2) J. E. Boggs, C. M. Crain and J. E. Whiteford, This Journal,
61, 482 (1957).

ured at a frequency of 9400 megacycles. It has
been shown that for many of these gases the orienta-
tion polarization at microwave frequencies is lower

(3) J. E. Boggs, C. M. Thompson and C. M. Crain, ibid., 61, 1625

(1957).
(4) J. E. Boggs, J. Am. Chem. Soc., 30, 4235 (1958),
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Tabie |
P (CC! Pm (cc) pd (QC) Pd (QC) P09 - Po%m0
Gas 9400 Me. “Static’ 9400 Me. “ Static” Po3

CH®Br 97.2 104.1¢ 23.3 21.2* 0.08
I-CH ,Br 104.9 119.0* 25.9 (23.7) .15
CHZE1 93.S 103.7d 19.1 20.9d 12
1-CH,C1 101.2 109.7* 24.0 25.3d .10
1-C,HX1 107.8 117.5* 26.9 28.6” A1
2-CHBr 103.8 122.3* 26.5 (24.1)« .19
2-CH,CI 96.9 115.8* 241 (21.1)" 21
ch3h 62.7 66. U 7.0 7.6/ .06
choh 66.2 71.1" 15.2 13.0" .08
chochb 51.2 51.6* 26.9 26.0* .01
OILOCR.CI 89.7 100.8* 19.6 (18.0) 14
(CMH&'N 40.9 41.8 35.2 33.0° ?
cos 22.3 23.4* 12.9 14.4* ?
CHBrCL 39.7 27.1 (24.3)"

CHZXBrCI 68.2 16.6 (19.4)

CHZF2 86.5 84.2' 7.5 (7.1)" - .03
chZXi2 70.0 69.6" 20.6 20.0" - .01
CH,Br; 64.5 64.7" 22.0 23.5" .00
CC1ZF2 25.5 25.4n 20.5 20.2” ?

“ C. P. Smyth and K. B. McAlpine, 3. Chem. Phys., 2, 499 (1934).

(1937). “ Molar refraction.
200 (1932).
‘ H. L. Knowles, T nis Journar, 36, 2554 (1932).

Pd should be 5-10% larger.

497 (1928).
659 (1941).

1D. R. Lide, ibid., 87, 227 (1952).

than the static value. The difference has been at-
tributed to dispersion associated with molecular in-
version and, for symmetric top molecules, it has
been found possible to calculate the magnitude of
the difference from structural parameters. This
paper presents the results of similar measurements
on substances of lower molecular symmetry for
which exact calculations cannot be made and at-
tempts to give a qualitative interpretation of the
results.

Experimental

The apparatus and methods of measurement used were
similar to those reported earlier.2-4 Dielectric constant
values were obtained at a series of gas pressures at each of
three or more temperatures between 30 and 100°. While
the temperature variation of the dielectric constant was
not of interest in itself (all gases measured giving the static
value for the distortion polarization), it served as a valu-
able check on the accuracy of the measurements.

All of the materials used were of the purest commercially
available grade. Those which are liquid at room tempera-
ture were further purified by fractional distillation through
an efficient column. Gases were distilled on a vacuum line.
In some cases mass spectrometric tests for purity were made.

Results

As in previous measurements, the quantity (e —
1) was found to vary linearly with pressure and the
molar polarization linearly with reciprocal tempera-
ture. Table I shows the value of the molar polari-
zation measured or interpolated at 30°, the extrapo-
lated value of the distortion polarization, and the
corresponding values for these quantities at low
frequency taken from the literature. The last
column shows the fractional difference between the
orientation polarization at 9400 megacycles and at
low frequency.

The average deviation of the measurements on
which the results shown in Table | are based ranged
between 0.5 and 1%. Additional measurements of

6L. G. Groves and S. Sugden, ./. Chem. Soc., 158

dR. Sanger, O. Steiger and K. Gachter, Helv. Phys. Acta, 5,
“C. P. Smyth and K. B. McAlpine, J. Chem. Phys., 3, 347 (1935).

1J. D. Stranathan, ibid., 6, 395 (1938).

hE. M. Moore and M. E. Hobbs, J. Am. Chem. See., 71, 411 (1949).
*C. P. Smyth, private communication reported in National Bureau of Standards Circular 537, 1953.
R. J. W. Le Fevre and B. M. Smythe, Trans. Faraday Soc., 46, 812 (1950).

" G. A. Barclay,
kC. T. Zahn and J. B. Miles, Phys. Rev., 32,

mA. A. Maryott, M. E. Hobbs and P. M. Gross, J. Am. Chem. Soc., 63,
" C. P. Smyth and K. B. McAlpine, J. Chem. Phys., 1, 190 (1933).

considerably lower accuracy were made on six ke-
tones for which low-frequency gas-phase dielectric
constant values are not available. Based on the
assumptions that the orientation polarization at
9400 Me. is the same as at low frequency and that
the distortion polarization is 5% larger than the mo-
lar refraction, the dipole moments of 2-butanone,
3-pentanone, 3-methyl-2-butanone, 4-methyl-2-
pentanone, cyclopentanone and cyclohexanone are
2.7, 2.6, 2.7, 25, 2.7 and 2.5, respectively.

Discussion

The work of numerous authorsz-s on both micro-
wave absorption and dielectric dispersion appears to
have firmly established the existence of inversion
transitions in complex molecules. Using the Van
Vleck-Weisskopf equation for pressure-broadening
of a spectral line, the dipole moment matrix ele-
ment for inversion, and assuming the resonant fre-
qguency of the inversion to be essentially zero, it
has been possible to calculate the observed intensity
and frequency variation of microwave absorption
in the case of symmetric top molecules where the
summation over rotational states can be evalu-
ated.s The same model has led to the calculation
of the observed difference between the dielectric
constant at low frequency and that at microwave
frequencies.s

There still remain, however, several unresolved
problems concerned with such inversion transi-
tions. The transition probability for an inversion
occurring at a very low frequency would be ex-

(5) W. D. Hershberger, 3. Appl. Phys., 17, 495 (1946).

(6) J. E. Walter and W. D. Hershberger, ibid., 17, 814 (1946).

(7) B. Bleaney and J. H. N. Loubser, Proc. Phys. Soc. {London),
A63, 483 (1950).

(8) G. Birnbaum, J. Chem,. Phys., 27, 360 (1957).

(9) Krishnaji and G. P. Srivastava, Phys. Rev., 109, 1560 (1958).
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pected to be very small, as indeed it must to explain
the retention of configuration of optical isomers.
Nevertheless, when the spectral line is broadened
by pressure into the microwave region, the effect on
both microwave absorption and dielectric constant
is quite appreciable.

The manner in which the inversion transition oc-
curs is also uncertain. The net effect must be a
reversal of the direction of the dipole moment with-
out a rotation of the molecule as a whole. This
might be accomplished by a direct inversion, as
in ammonia. An alternative and intuitively more
reasonable mechanism for a molecule such as
methyl chloride involves the internal rotation of
one or two of the C-X groups with respect to the
remainder, fie., an extension of a bending or oscilla-
tory mode of vibration.

From the data in Table I it can be seen that many
of the substances in the present study show a de-
creased molar polarization at 9400 Me. compared
with the static value. The last column of Table I
shows the fractional difference between the values
of the orientation polarization at the two frequen-
cies. For symmetric top molecules, at least, this
is a significant quantity since it easily can be shown
to be equivalent to 2/« leix |Vm2 the summa-
tion over rotational states from which the dielectric
constant and absorption can be calculated.

Whether or not the frequency variation in the
orientation polarization of the substances shown in
Table | is entirely due to inversion is difficult to

say. Certainly the asymmetric top molecules will
have numerous low-frequency rotational lines
which could contribute to the deviation. Such

low-frequency lines, however, would be expected to
be relatively weak and it is probable that their con-
tribution is negligible. For none of the substances
studied was there any indication of a variation of
molar polarization with gas pressure. This is an
indication that, at the pressures used, the measuring
frequency of 9400 Me. is above the frequency
range in which the inversion dispersion takes place.s
If these presumptions are correct, the last column of
Table I gives the fraction of the orientation polari-
zation that is related to inversion transitions, the
remainder being associated with rotational transi-
tions.

The values for the inversion contribution given
in the last column of Table I are found numerically
by taking the difference between two differences
(the two orientation polarizations being found by
subtracting the distortion polarization from the
total polarization). Consequently, they are not
highly accurate, having a probable error ranging
from 0.01 in the best cases up to perhaps 0.04 for
gases vdiere the orientation polarization is small.

It will be noted that the inversion contribution
is similar for members of a homologous series. For
the first four normal alkyl chlorides the values are
0.09,20.12, 0.10, 0.11. Methyl and ethyl alcohols
give values of 0.06 and 0.08, respectively.

Since the inversion contribution is a measure of
the component of the dipole moment parallel to
the molecular rotation axis summed over all ro-
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tational states it would be expected to be primarily
dependent on molecular shape. This is clearly
brought out in a qualitative way by the results ob-
tained. For example, the sec-propyl bromide and
chloride values are similar and considerably larger
than those obtained for the normal compounds. In
the results previously published, 24 the values for
CH:Cl and CH3r are 0.09 and 0.06 while those for
CHFsand CHC1s are 0.41 and 0.43.

Perhaps the most striking feature in our present
results is the absence of any significant difference
between the polarizations of CH2F2 CH2Cl> and
CH:2Br: at the two frequencies. CC1zF2 also shows
no deviation, but for this compound the orientation
polarization is so small that a minor difference
would not be noted. These four compounds, hav-
ing C2v molecular symmetry, are non-planar and
there is no obvious reason why they should not be
able to undergo an inversion transition. Possibly a
reason could be understood if the mechanism by
which the transition occurs were known. It may
also be that a transition does occur, but because of
molecular geometry the magnitude of the effect is
below our limit of measurement.

Ethyl ether, again, shows only a small difference,
well within the limits of experimental error, between
its polarization at 9400 Me. and the static polari-
zation. It may be significant that the polar C-O-C
group is planar, with the remainder of the molecule
rotating nearly freely. The same sert of situation
occurs in the acetone molecule, which has been
shown earlier2 to have the static value of molar
polarization at 9400 Me. If the time required for
the inversion process is large compared with the
time for internal rotation, the entire molecule
would be equivalent to a planar molecule and inver-
sion would be equivalent to rotation.

The trimet.hylamine molecule, like ammonia,
would be expected to undergo inversion easily.
Carbon oxysulfide is linear so that no inversion
should be possible. For both of these substances,
however, the orientation polarization is so small
that the differences between the molar polarization
observed at 9400 Me. and the static value are not
significant. Dielectric constants have been meas-
ured for CHBrCk and CH:BrClI, but low frequency
values are not available for comparison. They
would both be expected to undergo inversion. The
values for the ketones have large enough inaccura-
cies that the most that can be said is that there is no
very large difference between their dielectric con-
stants at 9400 Me. and at low frequency.

Conclusions

For the asymmetric top molecules studied in this
work no calculations of the dielectric dispersion to
be expected on the basis of inversion transitions are
possible. Nevertheless, many of the substances
give the behavior to be expected qualitatively if the
same sort of low-frequency inversion occurs that
has been suggested for symmetric top molecules.
Certain substances, notably those of C2y molecular
symmetry, fail to show the observable differences in
their dielectric constants that would be expected if
they were capable of inversion.
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THEORY OF PERMEATION THROUGH METAL COATED POLYMER
FILMS1

By W. Prins and J. J. Hermans
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Received October 25, 1958

It is shown theoretically that if a metal coat on a polymer film contains n circular holes per cm.2 of radius rQ the permea-

tion flux per cm.2is given approximately by F =
coefficient, assumed independent of concentration;
8 — rrifn is the fraction of free surface.

D[(a — 6)/s]O[l + 1.18*/ro) when 0 < 8< 1, where D is the diffusion
(a — 6) is the concentration drop across the film of thickness s and
This theoretical result was confirmed experimentally using an electrical analog,

in which the electrical current density in an electrolyte solution between two electrodes was measured, one of the electrodes

being coated except for a number of small holes.

Calculations and experiments for the inverse case where the coat is applied

in the form of a number of impermeable spots of radius r0 show that the permeability is not affected at all by this kind of

coating if s I$>r0and (1 —0)<”t 1.

Introduction

The permeation of gases and vapors through
polymer films presents a serious problem in their
use as packaging materials. It is well known that
the permeation is a diffusion controlled process2
and extensive determinations of the diffusion flux
have been made.3 In order to reduce the rates of
diffusion of gases through membranes, protective
metal foils are laminated on to the polymer films or
the films may be metalized by vacuum sputtering or
other techniques. Although one might expect that
the permeability of such coated films would be ef-
fectively zero, several experiments have shown4
that there are sometimes large residual permeabili-
ties, indicating defects in the uniformity of the
coating. It is the purpose of this paper to present
some calculations and experiments concerning
the diffusion of gases through films with incomplete
metal coats.

To this end we consider first a film of thickness s,
coated with an impermeable metal layer containing
a circular hole of radius ro. we assume that a
steady state has been established in which the
concentration of the permeating substance in the
film at the boundary between the film and the hole
is a, while the concentration in the other boundary
layer of the film is b. These concentrations will
be determined by the pressure of the gas on
either side of the film; in a number of cases (N2
02 CO,), it has been found3that the concentrations
obey Henry’s law, which states that pressure and
concentration are proportional to each other.
Whether Henry’s law is followed or not is immate-
rial for our calculation. We will assume, however,
that the diffusion coefficient of the gas in the film is
independent of concentration. This is experi-
mentally found to be true for the gases mentioned,
but is not true for water and organic vapors.3

We place no restriction on the thickness of the
metal layer, although it is conceivable that this will
have an influence on the transport through the film
in those cases where the holes act essentially as
channels. When these channels are comparatively

(1) Presented at the 134th National Meeting of the American
Chemical Society, Division of Polymer Chemistry, September 7-12,
1958, Chicago, Illinois.

(2) R. M. Barrer, “Diffusion in and through Solids,”
millan Co., New York, N. Y., 1941.

(3) See e.g., C. Rogers, J. A. Meyer, V. Stannett and M. Szwarc,
Tappi, 39, 737 (1956).

(4) V. Stannett, State University College of Forestry. Syracuse,
New York, private communication.

The Mac-

Intermediate types of defective coatings are discussed qualitatively.

long, the rate of the permeation process may be de-
termined to a certain extent by the diffusion or the
flow of the permeating gas or liquid in the channels.
This would result in a somewhat lower value of a,
but it would not invalidate our treatment of the
diffusion through the film.

If the center of the circular hole is taken as ori-
gin of a cylindrical coordinate system (x,r) and if
x is perpendicular to the film surface, the steady-
state equation for the concentration c in the film is

b"c/br + (l/r)bc/br + az/ax2= 0 (1)
with the boundary conditions

c(s,r) = b for all r (2a)
c(0,r) = a forr < r0 (2b)
(be/cte)oor = 0 whenr > ro (2c¢)

An exact solution for the two limiting cases s -C ro
and s » rQhas been found (see Appendix). As an
approximation for intermediate cases, the boundary
condition (2b) has been replaced by the require-
ment that the average of c(O,r) over the entire hole
of radius rOis equal to a. If there are n holes per
cm.2and if the holes are sufficiently far apart to as-
sume additivity, the flux F per cm.2is obtained by

multiplying the result for one hole by n.  As shown
in the Appendix
F = D[(a - b)/s]8\/2H(\) provided 1 (3)

where X = s/roand 6 (= irrifhi) is the fraction of the
surface that is not coated. b is the diffusion coef-
ficient; H(\) is an integral defined by eq. 12 and
has been determined by graphical integration. It
becomes equal to X/2 + 0(\3 when X approaches
zero and approaches the value 4/37¢ = 0.425 when
X becomes infinite. For X > 0.3 eq. 3 can be re-
placed to a good approximation by

F = D[(a - 6)/s]0(I + 1.18X)

0<C I (4)

When the film thickness s is small compared with
the radius rOof the hole (X< 1), eq. 3 and 4 give
the trivial result

F=D8a—bys 0<8<1 (5)

and this is now valid in the entire O-range. The
important feature of the theoretical result (4) is
that in the limit of large Xthe flux can become many
times larger than corresponds with the free sur-
face (eq. 5). Qualitatively this is understandable:
the thicker the film compared to the size of the hole,
the more the diffusing gas spreads out in the film.
We consider next the inverse case where, instead
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Fig. 1.—Coating containing holes of radius n>; s/ROA as a function of the parameter X =

theoretical (eq. 3), the points are experimental.

of a hole in an otherwise perfect coating, we have
an impermeable island of radius rOon an otherwise
uncoated polymer film. Now we have to solve eq.
1 with another set of boundary conditions

c(s,r) = b for all r (6a)
c(o,r) = a r>ro (6b)
(dc/dz)o,r = 0 r<ro (6¢)

As in the previous case, an exact solution could be
found for the two limiting cases s » r Oand s -C rO
(see Appendix). The approximation given for in-
termediate cases does not obey the condition (6¢)
but makes the average of dc/dx over the island r <
rCequal to zero. Moreover, the expression obtained
for the flux F in this intermediate case is obtained
in the form of a double integral which has not been
further reduced.

For small X-values we have, of course, again the
trivial answer: F = pe(a —b)/s (eq. 5),i.e., the flux
is proportional to the free surface e, which in this
case is (1 — nrom). When \ > 1 we obtain the
interesting result

F = D(a —b)/swhen(1 - 0)< 1 (7)

which indicates that small islands of coating on a
thick film do not have any influence at all on the
permeability of the film. The validity of eq. 7 is
restricted to large values of 6 (or 1 — O 1) for
the same reason as before: the effect of the various
islands on the permeability is additive only when
they are sufficiently far apart.

The above theoretical results (eq. 4 and 7) were
checked by performing simple model experiments.
From these experimental results some qualitative
predictions can be made for the intermediate cases
where 6 is neither small nor large.

Model Experiments.—An experimental test of eq. 4 and
7 can be obtained by measuring the current density be-
tween two large electrodes of which one is coated completely
except for a number of holes of radius r0. For the inverse
case, one electrode is coated with a number of insulating
islands of radius ro. In these model experiments the flux/
cm.2is the current density, F = V/RA, where V is the po-
tential drop, which replaces (a — 6), R is the measured re-
sistance and A the total surface of the blank electrode.
The role of the diffusion coefficient is taken over by the
specific conductivity K, of the electrolyte solution between
the electrodes (K = s/RA for blank electrodes). Equation
4 now reads after rearranging
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s/r0. The drawn curve is

The linear part (X > 0.3) corresponds to eq. 4 and 4a.

s/ROA = K(1 + 1.18X)when6< 1 (4a)
For eq. 7 we get
s/RA = IC X»l; (1 - 0)<1 (7a)
For the case X < Iw e have the equivalent of eq. 5
s/RA = Ke O0<ex< 1 (5a)

Two brass discs with a diameter of 11 cm. were gold-
plated to suppress polarization potentials, which caused
deviations from Ohm’s law. At the back, these electrodes
were coated with collodion or nail polish. The electrodes
were placed in an aqueous 0.01 N KC1 sclution and their
spacing varied by means of insulating rings from 1.31 to
10.65 mm. with 1 mm. intervals. The area under the rings
was also painted with nail polish leaving an area of 78.5 cm.2
for the blank electrodes. Meticulous cleaning of the sur-
faces with dilute HNO3 acetone and ether proved necessary
in order to obtain linear plots of resistance R versus spacing
s for the blank electrodes. The resistances, which varied
from 1 to 30 ohms, were measured with an accuracy of 0.05
ohms on a Wheatstone bridge operating at 1.5 v. and a fre-
quency of 1000 c./sec.

After measuring the resistance as a function of s for the
blank electrodes, one of them was painted with nail polish
except for a number of holes of radius ro, after which the
resistance was again measured as a function of s. This was
done for holes of various radii, so as to vary the parameter
X from 0 to 7.35 (Fig. 1). In all cases the “holes” were
separated by at least one diameter.

For the inverse case small circular pieces of tape of radius
1.65 mm. were punched out by means of a small size cork
borer. The resistance was measured at s = 10.65 mm.,
affixing a stepwise increasing number of tapes to the sur-
face of one of the electrodes. In this way $ could be varied
from 1to 0.88, keeping Xconstant at the large value 6.5.

Results and Discussion

The curve in Fig. 1 is theoretical (eq. 3), the
points are experimental. From the intercept with
the s/rReA axis we find k = 0.00137 id1 cm.-1,
from the slope of the linear part (using eq. 4a):
K = 0.0014 fi-1 cm.-1. The real value for k for
the aqueous KC1 solution at 23.5° is 0 001385.

A similar plot of s/RdA versus Xfor the inverse
case, where we have islands instead of holes, could
not be obtained from our experimental results. The
error in ro, as well as in the (small) resistances which
we encountered, was too large. Instead, we re-
stricted our measurements to the case where X» 1
(X = 6.5), for which case a theoretical solution is
available (eq. 7 and 7a). A plot of s/RA versus 6
should show a horizontal line, giving the specific
conductivity k. As Fig. 2 shows, this is borne out
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Fig. 2—Coating consisting of islands of radius rG s/RA
as a function of 6, the fraction of uncoated surface, at X =
6.5. _Down to 6 = 0.86, s/RA equals K, the specific con-
ductivity of the medium, as predicted by eq. 7 and 7a.

Fig. 3.—Intermediate types of defective coating, the
results of Figs. 1and 2 plotted versus 0. The dashed curves
represent the probable conductivity at Ovalues not accessible
to theory or experiment.

experimentally: over a range of 8from 1to 0.86, K
equals 0.00156 Sli1 cm.-1, whereas the known
value at the temperature of the experiment (30°)
is 0.001545 f2-1 cm.-1.

As pointed out before, both cases treated so far
(holes and islands) are restricted to small and large
values of free surface, respectively, except when
K I. Figure 3 is an attempt to account for the
intermediate values of 8 from 0.20 to 0.80. The
straight line s/RA = K8 represents the trivial case
(eq. 5 and 5a) for s <CrQ where rocan be either the
“hole” radius (r@) or the “island” radius (r0). At
small O-values eq. 4 and 4a are valid: plotting s/
RA against 8 one obtains a number of straight lines,
each having its own Xhvalue (lineswith Xh= 1, 2, 3
and 4 have been drawn in Fig. 3). At the other ex-
treme, we have only the straight line s/RA = K for
X = 6.5, s = 1065 mm., r0 = 1.65 mm. To get
an idea of how the straight lines at the bottom left
bend over toward the straight line at the upper
right, we consider a close packing of “holes” for s =
10.65 mm. and various rthvalues (thus also various
Xhvalues). At close packing we have 91% free
surface and 9% coated in the form of “islands” be-
tween the close packed holes. We assign an ef-
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fective radius /V to these islands by the requirement
that r(ro) 2 is equal to the area of one island. When
we choose rth =0.74 (or Xh = 1.4) we obtain for the
“islands” r/ = 1.65 mm. We know, therefore,
that the straight line at the right should approxi-
mately connect with one of the straight lines from
the left, to wit the one having X = 1.4. The slight
bending off provides the point where this connection
should be made, approximately. It is easy to see
that curves with lower X-values will lie lower than
this one and will have a shorter straight stretch at
the upper right. For larger X the opposite will be
true.

To interpret the results given in the graphs for
the electrical model experiments in terms of perme-
ability, we recall that s/RAd has to be replaced by
sF/(a — b)8 and the specific conductivity K by the
diffusion coefficient, D.

Although, of course, a variety of defects in metal
coated polymer films may exist, the above treat-
ment for holes and islands may serve a useful pur-
pose. Suppose one has a laminated film, which
contains holes in the coat. Under the microscope,
one can count the number of holes/cm .2 and assign
an average radius to the holes. These measure-
ments determine 6 and r0. If now the thickness of
the film and the permeability of the uncoated film
(or its diffusion coefficient for the gas under consid-
eration) are known, eq. 4 and Figs. 1 and 3 will give
a fairly precise idea of the permeability of the film
with the defective coat. An alternative way of
measuring 8 would be by means of light transmis-
sion.

Another way of obtaining an estimate of the av-
erage hole radius can be employed when one can
measure the permeability of the metal layer itself,
provided that a relation between pore size and per-
meability is known. For example, if the flow
through the holes obeys Poiseuille’s law, the flux
per cm.2 F is (Ap/8ijl) 2/, where Ap is the pressure
drop across the metal film of thickness I, and g is
the viscosity of the permeating medium. The frac-
tion 8 = 2 wyri2 could be estimated from volume
and weight measurements. The ratio F/8 then
determines a (weighted) average radius.

The consideration of islands of coating may be
helpful for coated films that have been obtained by
a sputtering technique. Here again a photomicro-
graph would yield all the necessary information
for an estimate of the permeability, using eq. 7
and Figs. 2 and 3.

Appendix

Equation 1 is the well-known equation of La-
place, but the boundary conditions which must be
obeyed are of a peculiar type and we have not been
able to find a solution in the literature. In the
following we will make use of discontinuous inte-
grals involving Bessel functions, most of which can
be found in ref. 4. We give no more than an indi-
cation of the method and omit the rigorous justifi-
cation of the various steps made in the calculation.

I. Coat Containing Holes.—We note that
sinh [i(s — x))Jo(tr) for arbitrary tis a solution of

(4) G. N. Watson, "Theory of Bessel Functions,” 2nd Edition, The
Macmillan Co., New York, N. Y.
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eg. 1 which is zero when x = s. Hence

c(x,r) = b+ dtf(t) Jo(rt) sinh [i(s —x)] (8)

satisfies (1) and (2a) for any function /(f) for which
the integral has the necessary properties of conver-
gence. Making use of a discontinuous integral
(ref. 4, p. 380), we can satisfy eq. 2c by taking

f(t) = B J /tcosh (st) 9)

where B is a constant. The condition (2b) is re-
placed by the requirement that

Po
J  2irrdrc(O,r) = wOa

(10)
which determines the value of 8.  The flux through
one hole of radius rOis

Ft = —D 2rr dr (dc/c>x)o.r (11)
and the total flux per cm.2isF = nFi. Since dc/

dx is given as an integral over the variable t, eq. 11
for Fj is a double integral. Changing the order of
integration and using the well-known property,
udou) = d[udyu)]/6u we finally obtain the
result given in eq. 3with
H(\) = dr v~2Jiqv) tanh (\v) (12)

This function is, obviously, an odd function of X
For small values of Xwe may replace tanh(Xr) by
\v and are thus led to an integral for which the an-
swer is known (ref. 4, p. 403), giving 11(X) = X/2.
At this limit eq. 2b is obeyed exactly. When Xis
large, we may replace tanh(Xr) by 1 and obtain
(ref. 4, p. 403): H(\) = 4/37r. It can be easily
shown, again using a discontinuous integral (ref.
4, p. 403), that in this limiting case likewise, eg. 2b
is satisfied exactly. For finite values of X H (X) was
obtained by graphical integration, and was found to
be represented with fairly good accuracy by

H(\) = (X/2)(I + 1.18X)-1, provided X > 0.3
Il. Coating Consisting of Islands.—To satisfy
the boundary conditions (6), we consider the solu-
tion
c(x,r) = a —(a —b)x/s +

di g(t) Jo(rt) sinh [(s —x)t] (13)

where g(t) is an arbitrary function. This obeys
(6a). To satisfy (6b), we make use of the property

duu 2sin au — au cos au)Jo(bu) =

{(a2 —62'Awhenb < a
(14)
(0] when b > a
which can be derived by a process of partial inte-
gration from a result given by Whittaker and Wat-
son5

(5) E. T. Whittaker and G. N. Watson, “A Course of Modern
Analysis,” Cambridge University Press, 1927, p. 382.
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du u 1sin (au)Jt(bu) =

ab~1—6-1(a2 —62'A whenb < a
(15)

ab'l when b > a

On account of eq. 14 we set
g(t) = C(sin rot — r& cos r@)[I12sinh (si)]-1 (10)
and determine the constant c by the condition

J*o 2xr dr(dc/dx)o,r = 0 (17)

which is an approximation to (6¢). The flux is now
obtained by integrating —2irDr(dc/bx)o,r from rOto
°0. Theterm (a — b)x/s in eq. 13 gives the trivial
contribution b (a — b)/s to the flux per cm.2 We
consider only the remaining part

—2irdb f dtry; y = (@ —b)/s + (dc/dx)o,r (18)

which is a double integral over r and t. Unfortu-
nately, however, it is not permissible this time to
invert the order of integration. This is why we re-
strict ourselves to the limiting cases X C 1 and
X 1, where the integration over the variable t
can be carried out explicitly. At the limit of small X
we may replace tanh(si), which leads to the trivial
result eq. 5. At the limit of large Xwe replace tanh-
(sty by 1 and use two more known discontinuous

integrals (ref. 4, p. 405), which lead to die result

—(dc/e>x)o.r =

((a —b)/s + Cir/2 when r < r0

\(a —b)/s + C arc sin (ror) —
CrQ(r2 — r2)-1A

(19)
whenr > 20

Eqg. 6¢cisobeyedwhenc = —3{a — b)/2ro- It isof
some interest to observe that (dc/dx)Qr for r > rO
has a singularity at r = rQ This is not an artifact
caused by the approximation (17); in the limiting-
case considered (X B> 1), (dc/dx)Qr is identically
equal to zero for all values below rQ so that we are
dealing with the rigorous solution of the prob-
lem. Notwithstanding the singularity at r = rQ
the integral (18) converges and when worked out
leads to the result eq. 7.

Note added in proof.—Professor C. J. F. Botteher
(Leiden, Netherlands) kindly drew the author’s attention to
work on the problem of evaporation from a circular surface
which was published more than 40 years ago. Stefan,6 on
the basis of the analogy with electrostatics, predicted theo-
retically that at the limit of very large values of X = s/r, (in
the notation of the present article), the rate of evaporation
is proportional to rQ in accordance with Eq. 3 or 4 when X
»

A review of this work and of some experiments on evapo-
ration was given by Thomas and Ferguson.7

Acknowledgment— The authors are indebted to
Dr. V. Stannett (Syracuse, New York) for drawing
their attention to this problem and for helpful dis-
cussions.

(6) S. Stefan Wied. Ann., 17, 550 (1882).
(7) N. Thomas and A. Ferguson, Phil. Mag. (G) 31, 308 (1917).
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The polymerization of ethylene was carried out in a heptane solution at 37°.
The results show that the reaction is of the first order with respect both to

titanium tetrachloride were used as catalysts.

Varying amounts of triethylaluminum and

ethylene and to titanium tetrachloride as long as an excess of triethylaluminum is present.

Introduction

The publication by Ziegler: of his process tor the
polymerization of ethylene to high molecular poly-
ethylene by the use of mixed catalysts of the type
alkyl metal—metal polyhalide has initiated re-
search in different aspects of the reaction. Little
of this work has as yet been published; this is
particularly true of the system AI(Cz2He)>TiCls
which Ziegler pointed out to be especially efficient.
This may be attributed to the extreme reactivity
of both components which causes inconvenience
in handling. In this paper some results on the
kinetics of the reaction will be given. The poly-
merization of ethylene was carried out in n-
heptane at partial pressures of ethylene from about
50 to 1000 mm. The catalyst was A1(CzHs)3 with
small amounts of TiCl4

Apparatus.— The reaction took place in a fiat-bottom
flask, the volume of which together with the connecting
tubing was 2.2 1 Ethylene obtained from dehydration of
ethanol over alumina at 400° was washed in alcohol at —70°
and condensed in atrap by liquid air. After enough ethylene
was collected the apparatus was evacuated; the liquid
air-bath then was removed and the ethylene evaporated
until the desired pressure was obtained. The excess ethyl-
ene was vented. Three hundred ml. of ra-heptane (ASTM
octane number grade, dried over sodium and freshly dis-
tilled before each experiment) was injected into the reaction
vessel by means of a syringe, the needle passing through a
self-sealing rubber gasket. In the same way the desired
amounts of triethylaluminum?2 and titanium tetrachloride3
were introduced one «after the other. The mixture was
stirred by a magnetic stirrer at a speed sufficient to make the
rate of reaction independent of stirring. Pressure readings
were taken. Occasionally gas samples were analyzed by
gas chromatography; they showed the presence of small
amounts of nitrogen and decomposition products. These
were taken into account when calculating the partial pressure
of ethylene (p) from the pressure readings. The tempera-
ture was kept constant at 37.5 + 0.5° by means of a water-
bath heated with an immersion heater.

Results

Figure 1 shows the rate of change of partial
pressure of ethylene with time after the introduction
of TiCl4 From the results it appears that there is
a very short induction period (more pronounced if,
instead of A1(CzHes the less reactive Al(CzHs)2Br
is used). The rate of reaction then increases
rapidly, passes through a maximum and decreases
slowly. For the study of the Kinetics of the re-
action the first period, namely, that of catalyst
formation, is not suitable, because it is necessary
to work with equal quantities and reactivities of

(1) D. K. Ziegler, E. Holzkamp, H. Breil and H. Martin, Angew.
chem., 67, 541 (1955).

(2) A. V. Grosse and J. M. Mavity, J. Org. chem., 5, 106 (1940).

(3) E. Demarcay, Compt. rend., 104, 111 (1887).

the catalyst; this can only be achieved after the
initial period.

To investigate the order of the reaction the ex-
periment was arranged in such away that from time
to time some of the ethylene ivas suddenly with-
drawn by pumping. This procedure allowed the
measurement of the rate at different pressures but
at the same activity of the catalyst; no further
impurities were introduced since no fresh ethylene
Mas fed into the apparatus; in addition, the degree
of polymerization before and after withdrawal was
virtually the same. The method avoided there-
fore the comparison of rates at different degrees of
polymerization and catalyst activity. The vol-
ume of the vapor space was chosen to be rather
small in order to reduce shielding effects due to
large quantities of polyethylene fonning around
the active centers.

If a first-order law holds the plot of log p against
t should show a straight line the slope of which
before withdrawal should be the same as that after
withdrawal. Figure 2 shows this plot. Under
the given conditions the reaction appears therefore
to be of the first order.

To investigate the change of catalyst-activity
with time a long run without withdrawals Aves
made. On the assumption that the first-order law
holds, as shoAvn in the previous paragraph, the
activity on termination of the run after 72 hours
had fallen by 50%. By then a little OYer 100 moles
of ethvlene had been polymerized per mole of Ti-
Cl4 Part or all of the reduction of catalyst activity
is no doubt due to poisoning of the catalyst, since
in this experiment fresh ethylene Avas added from
time to time.

In another experiment the temperature Aves
changed first to 47 and then to 57°. This had no
significant effect on the rate of ethylene uptake.
Although no doubt the reaction velocity increased
with rise of temperature, this Afas effectively coun-
terbalanced by the lower ethylene concentrations
in the solvent at the higher temperatures.

It was next attempted to investigate the in-
fluence of additions of different amounts of TiClas
while keeping the amount of A1(Cz2He 3 in excess
and constant at 2.5 ml./300 ml. of solvent. This
was done by repeating the procedure outlined above,
using each time a different amount of TiCl4
An alternative way was to add increasing amounts
of TiGls while the polymerization was proceeding.
The results of both methods agreed among them-
selves. The constant k', a function of the amount
of catalyst, Aas defined in the usual way by the
equation



May, 1959

Fig. 1.—Change of rate of polymerization with time.

log pi/p2 = k{U - ii) (1)

where t is measured in hours. The plot of k'
against ml. of TiCls added is given in Fig. 3. It can
be seen that with an excess of A1(Cz2He) 3 k" increases
with increasing amounts of TiCl4 There is a
slight tendency toward flattening off at higher
concentrations of TiCl4

On the other hand, working with an excess of
TiCls over A1(Cz2Hs) 3 gave a more oily polymer and
the reaction did not follow a first-order law.

Discussion

Since the polymerization takes place at the
interface between the solid catalyst and the sol-
vent, the first-order kinetic law should have the
form

r = kAc

)
where

r is the rate of polymerization in moles/hr.

A the active surface area of the catalyst in cm.!

¢ the concn. of ethylene in moles/ml. solvent
k is the rate constant in ml./cm.2hr.

Since stirring was sufficiently rapid the concentra-
tion of ethylene was for all practical purposes at
its equilibrium value. By Henry’'s law, therefore

c = ap (3)

The rate of polymerization, on the other hand,
equals the sum of the rates of disappearance of
ethylene from the liquid (u) and the vapor (v)
phases
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Time, min.

_Fig. 2.—Logarithm of partial pressure of ethylene vs.
time at different ranges of partial pressure; conditions of

experiment, solvent, 300 ml. of n-heptane; catalyst,
2.5 ml. of AL(C2H§3 + 0.05 ml. of TiCl4; temperature,
37°C.

Tick, ml.

Fig. 3.—Influence of varying amoimts of TiCL on the rate-
constant in the presence of an excess of AlC2H53

r=u+yv 4)
But
dc d
u V, iquid di XV liquid A’t) (5)
_ da
v = At (6)

and n, the number of moles of ethylene in the gas
phase

Fgaa /a

n = \% ("

Since the experiment was run at constant volume
and temperature

Fgaa dp
RT At (8)
therefore
r = (affiiquid + jif 0)

The solubility of ethylene in heptane was deter-
mined experimentally and the constant in equation
3 found to be
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a —12 x 10 4molesml. 1atm. 1

If the values for the volume of the gas and I|qU|d
phases are inserted in equation 9

aVu,uui = 0.036 and = 0.077

r = - 0.113 = kAc = kAap (10)
It follows that the rate of polymerization is about
50% higher than the rate of disappearance of
ethylene from the gas phase.

It has been shown in the experimental part that
after an initial rise, during which the catalyst
surface is formed, the activity of the catalyst
remains practically constant for a considerable
time. Therefore after the induction period, A
remains constant and equation 10 can be integrated
to give

logpi/pi =

K'{t2- h) (11)

where

* '-2.3X0.113 —tIX11"',U (12>

This is the equation which has been experimentally
confirmed (Fig. 2) and which is in accord with the
data published by Nattas for the system containing
TiCI3

Deviations from the first-order laws can be ob-
served in a constant volume system when measure-
ments are made with a freshly precipitated cata-
lyst. The decrease in the rate is then not only
due to the decrease in the partial pressure of eth-
ylene but also to a diminution of catalyst surface
caused by excessive reduction of the titanium and
by the the conglomeration of the particles. If
the decrease in catalyst activity is disregarded the
order seems higher than it actually is. An alterna-
tive explanation for the excessive decrease in
the rate before constancy is reached, is the fol-
lowing. In the reaction between TiCh and Al-
(C2He s to form the active catalyst, free radicals
(or carbanions) are formed. These will react with
ethylene, superimposing a transient polymerization
reaction over the constantone. The decrease in the
rate of disappearance of ethylene will therefore be
higher than expected from the first-order law as
long as the reaction between TiCLj and A1(CzH5) s
is not complete.

(4) G. Natta, |. Pasquon and E. Giachctti, Angeiv. Chem., 69, 213

(1957).
(5) J. C. McGowan and B. M. Ford, J. Chem. Soc., 1149 (1958).
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If it is accepted that A, the area of the catalyst
surface, is proportional to the volume V of TiCh
added, A1(CzHse) 3 being present in excess, equation
11 can be re-written

log Pi/pz = k" Fticu ih — h) (13,
Although there is some scatter it can be seen from
Fig. 3 that the assumption is not far from the
truth, k" works out to be equal to 3.5 per hour
per ml. of TiCl4

In the constant volume system described, 1 ml.
of TiCh with an excess of A1(CzHs s will cause a
pressure drop of 2 (say from 2 to 1 atm.) to take
place in about 5 min. This is the rate of disap-
pearance of ethylene from the gas phase. As has
been shown above, the rate of polymerization is
about 50% higher. In a constant pressure system
where the concentration of ethylene in the liquid
phase remains constant both rates are the same.
According to equation 10

r=- 013 (14)
But from equation 13
- A= 2.3fc"FTi<P (15)
Therefore
r = 0113 X 2.3 X 3.57TicuP (16)

and the polymerization will proceed at the rate of
0.9 mole/atm./ml. TiCh/hr. or 26 g./atm./ml.
TiCh/hr.

In the catalyst system consisting of an excess
of triethylaluminum over titanium tetrachloride
the polymerization of ethylene proceeded at a rate
proportional both to the partial pressure of ethylene
and to the amount of titanium tetrachloride added.
This rate was virtually constant over a long period
of time, if the first half hour of catalyst formation is
disregarded. The higher rates at the beginning
may be due to the transient presence of soluble or
colloidal catalyst.

The first-order rate does not prove any definite
mechanism. It appears, however, that neither the
reducing properties of triethylaluminum nor the
partial pressure of ethylene influence the activity
of the catalyst once the latter is stabilized.
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We have prepared Mo0 213 c) and MoO(OTI )2CIZAc) in a very pure state by methods somewhat different from those

previously described by others.

Heats of reaction of both of these compounds with aqueous sodium hydroxide have been

determined and the results of these calorimetric experiments have been used in calculating that the standard heats of forma-

tion of M0o02C12c) and MoO(OH)2C1c) at 298°K. are —169.8 and —245.2 kcal./mole, respectively.

We have used these

heats of formation as the basis for calculation of equilibrium constants for some interesting reactions of these compounds.

As part of a systematic investigation of the ther-
mochemistry of transition element compounds we
have determined heats of formation of M o0 2C12(c)
and MoO(OH)2ZC12c). It should be noted that the
structure of the second compound is not known and
that the formula might well be written Mo003
2HC1 or Mo0 ZCZ12HD. N o values for the heats of
formation of these compounds are listed in the
National Bureau of Standards Circular 500.1 We
have prepared both compounds in a pure state by
methods somewhat different from those previously
described by others.

Experimental

The heat of solution calorimeter used in this investigation
has been described.23 All of the calorimetric experiments
reported in this paper were carried out at 25.0 + 0.3° with
950 ml. of solution in the calorimeter.

Samples of Mo02from two sources were used in the prepa-
ration of Mo0 2212. The first sample of Mo02was prepared
by reducing pure M0O3with H2in a tube furnace at 490°.
This procedure gave us a product that was 88% MO0OZ2 as
determined by reoxidation to M0O3  Our second sample of
Mo02was generously given to us by Climax Molybdenum
Company and was in the form of pellets ¥ 4inch in diameter.
No estimate of the M 002 content of this sample was made
because our work with the first sample showed that a high
Mo02 content was unnecessary for preparation of pure
M o0 2C12.

We prepared M o0 2C12from the first sample of Mo02by
passing carefully dried Cl2over the M002in a tube furnace
maintained at 350°. A round bottom flask, with side arm
as exit tube for excess Cl2, was used as a receiver for the
Mo0 2212 that sublimed out of the heated reaction tube.
After the reaction was complete the apparatus was cooled
and flushed with dry N2and then the receiving flask con-
taining Mo0 2C12 was connected to another similar flask.
The receiver with crude Mo02CI2 was placed in a small
furnace that we constructed by winding Nichrome wire on
an asbestos-covered can. One end of the furnace can had a
small hole for the side arm of the flask containing M o02CI12
to pass through and the other (removable) end of the furnace
can also had a hole in it just large enough to accommodate
the tube connecting the two flasks. Dry N2 was slowly
passed through the apparatus as the temperature was
raised to 150°, at which temperature the Mo0 2C12 slowly
sublimed from the hot flask to the cold flask, leaving behind
a dark blue residue. After the sample was purified by five
sublimations, the Mo content of the product was found to be
47.80 £ 0.05%. We calculated 48.25% Mo for Mo0O 2C12.
Five more sublimations were carried out and the final sub-
limate, M o0 2212, was round to contain 48.14 + 0.02% Mo.

Another sample of M o0 2ZC12was prepared from the Mo0 2
obtained from Climax Molybdenum Company. Pellets of
Mo0 2 were placed in the sublimation apparatus and dry
Cl2was passed up through them. The reaction proceeded
fairly rapidly at 150°. The crude Mo0ZCI2 formed was
sublimed ten times and then analyzed and found to contain
48.19 + 0.02% Mo.

(1) “Selected Values of Chemical Thermodynamic Properties,”
Circular 500, National Bureau of Standards, 1952.

(2) C. N. Muldrnw, Jr., and L. G. Hepler, 3. Am. Chem. Soc., 79,
4045 (1957).

3) R. L. Graham and L. G. Hepler, ibid., 78, 4846 (1956).

Our observations regarding Mo0 2C12 differ considerably
from those of Neumann and Cook.4 Our preparations were
carried out at somewhat lower temperatures than were Neu-
mann and Cook’s. The crude Mo0ZCI2that first collected
in the receiver flask was yellow as described by Neumann and
Cook but our sublimed and purified M o0 2212was a metallic
fight orange color and was stable for at least 6 months when
protected from moisture. Exposure to traces of water vapor
caused the pure Mo0 2C12to turn yellow. It may be noted
that Neumann and Cook4 erroneously calculated that Mo-
02012 contains 46.4% Mo (rather than 48.25% Mo) and re-
ported that their M o0 2C12contained 46.3% Mo.

We prepared MoO(OH)2C12, or M0oOs-2HCI, in the sub-
limation apparatus by passing pure dry HC1 over pure
MO0O3 at 250°. The product of this reaction collected in
the cool receiving flask and was then sublimed twice at 150°
in a current of dry HC1. This purified MoO(OH)Z12 was
found to contain 44.26 + 0.03% Mo. We calculated that
this compound should contain 44.24% Mo. The purified
MoO(OH)ZC12 was lemon yellcw in color and, when stored
in a dry atmosphere in a small sealed tube, was sufficiently
stable that we were unable to detect any decomposition over
a period of 6 weeks. These observations are not in agree-
ment with those of Neumann and Cook.4

All of our Mo analyses were carried out by the perman-
ganate method 6 Rheinhard’s solution was used to inhibit
oxidation of chloride ion. The analytical method was
thoroughly tested on solutions containing known amounts of
Mo in the presence of chloride ion. All of our samples of
M o0 212 and MoO(OH)2ZC12 were stored in desiccators in a
dry box and all manipulations that involved exposing these
compounds to the atmosphere were carried out in this same
dry box as rapidly as possible.

Results

The heat of reaction of Mo0 2C12(c) with 950 ml.
of dilute NaOH has been measured. The initial
NaOH concentration for each experiment was such
that the final NaOH concentration would be 0.011
M. The equation for the calorimetric reaction is
written as

Mo0 X12(c) + 4NaOH(aq) =

NaZ2M o004(aq) + 2NaCl(aq) + 2HD(1) AH, (1)

Results of our determinations of the heat of reac-
tion 1 are given in Table I. On the basis of these
results and estimated heats of dilution, we take
AHi0O = —65.3 + 0.5 kcal./mole Mo where +0.5
indicates our estimate of the total uncertainty due
to possible sample impurities, calorimetric errors
and heat of dilution uncertainties. We have used
this AHi0 with standard heats of formation from
National Bureau of Standards Circular 500* and
our earlier paper on Na:M 0043 in calculating that
the standard heat of formation of Mo02C12c) is
—169.8 kcal./mole.

The heat of reaction of MoO(OH)2XC12(c) with
950 ml. of dilute NaOH also has been measured,

(4) H. M. Neumann and N. C. Cook, ibid., 79, 3926 (1957).

(5) W. F. Hillebrand, C. E. F. Lundell, H. A. Bright and J. I.

Hoffman, “Applied Inorganic Analysis,” Second Edition, John Wiley
and Sons, Inc.,, New York, N. Y., 1953, p. 307.
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Table |
Heat of Reaction of Mo0 ZC12c) with NaOH(aq)
Molas AHi
MoO2Cl2 (kcal./mole
Sample X 10> M oOiClv)
1 1.022 —65.4
1 1.482 —65.0
2 1.883 -65.0
2 2.463 -65 0
2 3.782 -65.1

again with sufficient NaOH present initially to make
the final NaOH concentration 0.011 M. The equa-
tion for the calorimetric reaction is written as
MoO(OH)X12(c) + 4NaOH(aq) =

NaZM o004aq) + 2NaCl(aq) + 3HD(1) AH2 (2)

Results of our determinations of the heat of reac-
tion 2 are given in Table Il. On the basis of these
results and estimated heats of dilution, we take
AHZ2 = —58.2 + 0.5 kcal./mole where +0.5 indi-
cates our estimate of the total uncertainty. We
have used this AH2 with standard heats of forma-
tion from the literatureis in calculating that the
standard heat of formation of MoO(OH)Z1Xc) is
—245.2 kcal./mole.

Tabte Il
Heat of Reaction of MoO(OH)2X12c) with NaOH(aq)

Moles AH,
MoO)éOH)ZCh (kcal./mole
10» MoO(OH)2Ch)

1.231 -57.9
1.687 -57.9
1.818 -58.4
3.197 -58.1
3.767 -57.8

Discussion

In connection with earlier work of Hultgren and
Brewers on some gaseous molybdenum oxyhalide
systems it would be desirable to calculate ATI° and
AF° for the reaction of H20(g) with M 002Clz(g) to

(6) N. Hultgren and L. Brewer, T his Journal, 60, 947 (1956).

Robert L. Graham and Loren G. Hepler
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form MoO(OH)zCl2(g). Our heats of formation of
M o0 X12c) and M oO(OH)Z12(c) cannot be used
directly for calculation of AH° of this all-gas reac-
tion but can be used with the heat of formation of

1120 (g)" in calculating that AH o = —17.6 kcal./
mole at 298°K. for reaction 3 written as
Mo0 12(c) + HD(g) = MoO(OH)X12(c) AH» (3)

We have, according to Latimer’s procedure,7 es-
timated that the entropy at 298°K. of MoO(OH)2
Clz(c) is 9.4 cal./deg. mole greater than the entropy
of Mo02C12(c). This entropy difference estimate
and the known entropy of H20(g)xhave been used
to calculate AS® = —35.7 cal./deg. mole. We
have used Ai/3 and AiS’ to calculate that AF3
= —7.0 kcal./mole, that K» = 1.35 X 10s and that
the H20(g) pressure in equilibrium with M o0 2C12(c)
and MoO(OH):zClz(c) is 7.4 X 10-s atm. at 298°K.
This is in accord with our observation that Mo02
Clz(c) has a great tendency to combine with water.
In this connection it should be remembered that
MoO(OH)2Clz can be sublimed in a dry atmosphere
of HC1 without detectable loss of water.

It has been observed several times that MoO-
(0H)2C12, which might well be written Mo003
2HC1, easily loses HC1 and that it can be sublimed
without decomposition only when excess HC1 is
present. Our heat of formation of MoO(OH)2Cl2
(c)
and an estimated entropy of MoO(OH)2XC12c) to
calculate that the standard free energy change and
equilibrium constant for the reaction MoO(OH)2
Clz(c) = Mo0s(c) + 2HCI(g) are 2 kcal./mole Mo
and 3 X 10-2, respectively. The equilibrium va-
por pressure of HCI(g) over Mo00s(c) and MoO-
(OH)X12(c) is ~0.17 atm. at 298°K.

Acknowledgment.—We are pleased to express
our gratitude to the Alfred P. Sloan Foundation
for support of this research.

(7) W. M. Latimer, J. Am. Chem. Soc., 73, 1480 (1951).

(8) B. A. Staskiewicz, J. R. Tucker and P. E. Snyder, ibid., 77, 2987

(1955).
(9) A. D. Mah,  n:. Journal, 61, 1572 (1957).

has been used with data from the literaturers
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Data in the literature indicate that calcium phosphate precipitates from saturated solution as brushite up to pH 6.2
and as apatite at higher pH levels. In the course of a laboratory investigation concerning the chemical factors responsible
for renal calculus growth in paralyzed persons, precipitates in equilibrium with urine saturated with calcium phosphate
and having an average molar Ca/P ratio of 3/20 -were found to consist of brushite up to pH 6.61 and of apatite at higher
pH levels. In urine specimens with very low Ca/P ratios due to the addition of sodium phosphate the precipitates were
composed of brushite up to pH 6.93. These observations suggested that the Ca/P ratio in parent solutions and in urine
might have considerable effect on the relationship between equilibrium pH and the composition of the solid phase. In
order to test this hypothesis, solutions of calcium phosphate were prepared having molar Ca/P ratios ranging from 3/1 to
1/100, with the ionic strength maintained at 0.32 by the addition of sodium chloride. Saturation was achieved by adding
varying amounts of sodium hydroxide. Solutions were equilibrated with the precipitates for one week at 38°, the solutions
filtered, pH of the solution determined and the solid phase examined under polarized light and by X-ray diffraction analysis.
Results of this study indicate that the maximum pH at which brushite is stable is a function of the initial molar Ca/P

ratio in solution and the “conversion pH" of brushite to apatite increases with a decreasing Ca/P ratio.

Introduction

This paper reports a study of the effect of varying
initial Ca/P2 ratios upon the relationship between
equilibrium pH and the composition of the solid
phase precipitated from solutions saturated with
calcium phosphate.

The work was undertaken as part of a compre-
hensive investigation of the urinary chemistry in-
volved in the formation of renal phosphatic calculi,
a common and serious problem in severely para-
lyzed persons.

Since calcium phosphate is the principal inorganic
constituent of human bone, teeth and denial calcu-
lus where it occurs as the mineral, apatite, a num-
ber of investigators have studied its solubility in
aqueous solution and in serum. Although cal-
cium phosphate is the sole or principal constituent
of many renal calculi, little attention has been paid
to the factors affecting the crystallization of calcium
phosphate from urine. In common with other
biological phosphatic structures, calcium phosphate
occurs usually in renal calculi as the mineral apa-
tite. However, in a small percentage of cases it
also occurs as the mineral brushite.

It is well known that the crystalline structure of
calcium phosphate is related to pH of the solution,
and it is generally considered that brushite is un-
stable above pH 6.2, converting to apatite at higher
pH levels. However, in a previous communica-
tion,s it was shown that in urine saturated with
calcium phosphate by the addition of sodium hy-
droxide, and in urine specimens which were satu-
rated with calcium phosphate without alteration,
the precipitates were composed of pure brushite up
to a pH of 6.61 and pure apatite above this pH
level. However, in urine specimens saturated
with calcium phosphate by the addition of sodium
phosphate, the precipitates consisted of crystalline
brushite up to pH 6.93. The average Ca/P ratio

(1) Aided by a grant from the National Foundation for Infantile
Paralysis, Inc.

(2) In this paper, the “Cal/P ratio” refers to the initial molar Ca/P
ratio in solution.

(3) J. S.Elliot, W. L. Quaide, R. F. Sharp and L. Lewis, J. Urol., 80,
269 (1958).

in urine is 3/20, whereas in the specimens to which
sodium phosphate was added, the Ca/P ratios were
considerably smaller. The specimen in equilibrium
with brushite at pH 6.93 had a Ca/P ratio of 3/
1000. These observations suggested that the ini-
tial Ca/P ratio in the parent solutions might have
considerable effect upon the crystalline structure of
calcium phosphate precipitated from aqueous solu-
tion and urine. Although Neuman and Neumanas
have stated that the initial Ca/P ratio in solution is
a factor which affects the crystalline structure of the
precipitate at equilibrium, a review of the literature
has indicated that little attention has been paid to
this aspect of the chemistry of calcium phosphate.

In a saturated solution of calcium phosphate
both the solubility and the crystalline structure of
the precipitate are affected by pH of the solutions.
As shown by Hodges who compared the data from a
number of investigators, there is a linear relation-
ship between pH of the solution and the molar
solubility of calcium. Other observers have shown
that pH of the solution affects the structure of the
crystalline precipitate. In 1925 Holt, La Mer and
Chowns and later Dallemagne and Melon,7 and
Hodges showed that calcium phosphate crystallizes
from a saturated solution as secondary calcium
phosphate (brushite) below pH 6.2, and as tertiary
calcium phosphate (apatite) above pH 6.2 when
phosphoric acid is titrated with calcium hydroxide.
More recently, by means of precipitation and dis-
solution experiments, Strates, Neuman and Levin-
skase have shown that brushite is stable at pH 6.2

(4) W. F. Neuman and M. W. Neuman, Chem. Revs., s3, 1 (1953).

(5) H. C. Hodge, "Some Considerations of the Solubility of Cal-
cium Phosphate,” Conference on Metabolic Interrelations, Trans-
actions of the Third Conference, p. 190, 1951. The Josiah Macy, Jr.
Foundation.

(6) L. E. Holt, Jr., V. E. La Mer and H. B. Chown, J. Biol. Chem.,
64, 509 (1925).

(7) M. J. Dallemagne and J. Melon, Bull. Soc. Chim. Biol. 28, 566
(1946).

(8) Il. C. Hodge, “Some Observations of the Dynamics of Calcifi-
cation,” Conference on Metabolic Interrelations, Transactions of
the Second Conference, p. 73, 1950. The Josiah Macy, Jr., Founda-
tion.

(9) B. W. Strates, W. F. Neuman and G. J. Levinskas,
Journal,s:, 279 (1957).

T his
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Fig. 1.—Relationship between Ca/P ratio and maximum
pH at which brushite is found as a single crystalline phase.
Roman numerals refer to solution series listed in Table I.

or lower, and at pH 6.9 it hydrolyzes rapidly to apa-
tite. In 1947 Melon and DallemagneXstudied the
solid phase at equilibrium in mixtures of calcium
hydroxide and phosphoric acid. In their experi-
ments, brushite did not exist as a stable phase above
a pH of 6.0. They observed a linear relationship
between initial [P] and final pH in those samples
which contained pure brushite. Brushite was
found over a pH range from 2.2 to 6.0 with the pH
increasing as the initial [P] decreased from 0.270
mole/liter to 2.5 X 10~3 mole/liter. The molar
Cal/P ratio varied from 0.45 to 0.95 and the ionic
strength varied over a wide range. It should be
noted that the molar Ca/P ratio in all previously
reported investigations did not vary greatly from
unity.

Experimental

Seven stock solutions of calcium phosphate were prepared
which contained initial molar Ca/P ratios ranging from 3/1
to 1/100. The ionic strength was adjusted to 0.32 (ap-
proximating that of normal urine) by added sodium chlo-
ride. The initial pH of all solutions was 4.3 and no solid
phase was present. Varying amounts of carbonate-free
sodium hydroxide were added to 100-ml. aliquots of the
stock solution in glass stoppered volumetric flasks. The
solutions were preserved with toluene. The flasks were in-
cubated at 38° for one week with daily shaking. The con-
tents of the flasks then were filtered at 38° under toluene
through Whatman #50 filter paper. The pH of each filtrate
was determined anaerobically at 38° with the Beckman blood
electrode assembly and the Beckman model GS pH meter.
Beckman buffer standards of pH 4.03 and 6.97 at 38° were
employed. Precipitates were washed once with 25.0 ml.
of distilled water and dried overnight at 38°. Weighing
of the dried precipitates indicated that the solid to solution
ratios varied from 5.0 to 70.0 mg. with an average of 40.0
mg. per 100 ml. of solution. The composition of the pre-
cipitates was determined by examination under polarized
light and by X-ray diffraction analysis.1l Percentage
composition of precipitates containing more than one solid
phase was estimated by comparison of the X-ray powder
patterns with those of known composition. The percent-
ages so determined are considered over all to be accurate to
+10%. In the case of mixtures containing less than 25%
brushite, the percentage error is of the order of +5% .

(10) J. Melon and M. J. Dallemagne, Bull. soc. chim. Belg., 56, 180
(1947).

(11) Optical and X-ray diffraction analyses were performed by
Dr. W. L. Quaide of the Department of Geology, University of Cali-
fornia, Berkeley, California.

James S. Elliot, Robert F. Sharp and Leon Lewis
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Observations

Data relating the initial composition of the solu-
tions, the final pH and the nature of the solid phase
are given in Table I. Examination of this ma-

Tabte |

Relationship between Composition of the Solid P hase

and the Final pH at Varying Cal/P Ratios
Compn. of solid

(Ca), (P), phase, %

Sample  moles/1.  moleS/1. Brush- Apa-

no. X 10-3 X 10-« CalP pH ite tite
11 60.0 200 31 4.31 ©o
2 4.58 100

3 4.78 40 60
-1 20.0 2.00 11 4.92 100
2 5.00 100

3 5.01 50 50

4 5.08 35 65

5 5.18 40 60

6 5.31 100
- 6.00 2.00 3/10 5.72 100
2 5.79 100

3 5.83 100
1vV-1 6.00 4.00 3/20 5.41 100
2 5.88 100

3 591 35 65

4 6.03 100

5 6.16 100
V-I 3.00 3.00 1/10 6.22 100
2 6.30 100

3 6.50 10 90

4 6.61 100
VI-1 3.00 6.00 1/20 6.21 100
2 6.28 100

3 6.41 100

4 6.58 100
VII-1 1.50 15.0 1/100 6.50 100
2 6.74 100

3 6.81 100

terial will show that apatite occurred as a solid
phase over a pH range of 4.78 to 6.81, and brushite
occurred over a pH range of 4.31 to 6.74. Further,
it is apparent that the maximum pH at which
brushite is the single crystalline solid increases with
a decreasing Ca/P ratio. In Fig. 1 the value, log
([Ca]/[P] X 102, has been plotted against the
maximum pH at which pure brushite was found in
each of the seven series of solutions. An equation
for the regression line was calculated to be: pH =
—0.912 log ([Ca]/[P] X 102 + 6.95 with a corre-
lation coefficient of —0.981, indicating essentially a
straight line relationship.

Summary.—In salt solutions saturated with cal-
cium phosphate having an ionic strength of 0.32,
and allowed to equilibrate at 38° for one week, the
precipitates were composed of pure brushite over a
pH range of 4.58 to 6.74. The maximum pH at
which brushite is stable is a function of the initial
molar Ca/P ratio in the solution. The “ conversion
pH” of brushite to apatite increases with a decreas-
ing Ca/P ratio.
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SURFACE ACTIVITY OF FLUORINATED ORGANIC COMPOUNDS AT
ORGANIC LIQUID-AIR INTERFACES. 1. SURFACE TENSION,
PARACHOR AND SPREADABILITY1

By N. Lynn Jarvis2and W. A. Zisman

U. S. Naval Research Laboratory, Washington 25, D. C.
Received November 1, 1968

A variety of fluorinated compounds, liquids at 20°, were investigated for surface activity at organic liquid-air inter-
faces. The majority of the compounds had one or more fluorocarbon chains, of varying molecular weights, attached to
the hydrocarbon portion of the molecule by an ester, ether or silicate linkage. The surface activity of these fluorinated
compounds on a given substrate can be determined to a first approximation by their spreading behavior on that substrate.
Their ability to spread upon the following organic liquids was investigated: double end blocked polypropylene oxide, n-
hexadecane, mineral oil, bis-(2-ethylhexyl)-sebacate, squalene, nitromethane, 1,2-dibromoethylbenzene, 1-methylnaph-
thalene, tricresyl phosphate, phenoxy bis-(o-chlorophenoxy)-phosphate, propylene carbonate and trichlorobiphenyl. Spread-
ability was thus observed on liquids having a wide range of surface tensions and different surface compositions. Surface
tensions and densities were measured for series of fluoroorganosilanes, perfluoroalkanes, fluoroesters and miscellaneous
fluorinated compounds. Their molecular parachors and the atomic parachor of fluorine were calculated, the value for
fluorine being 22.5. Surface tensions reported for each surface-active agent and substrate liquid were obtained by the
pendant drop method. Spreadability of the surface active compounds upon each liquid substrate studied was more pro-
nounced the greater the differences between their surface tensions and that of the substrate. A qualitative discussion is
given of the relationship between the molecular structures of the various compounds and their ability to spread on organic

liquids.

It is shown that for high spreadability at the organic liquid-air interface, the compound must have an amphi-

pathic structure with both organophobic and organophilic groups in the molecule.

Introduction

During recent years increasing interest has been
shown in the behavior of surface active agents at
organic liquid-air interfaces. Many of the original
studies were made of compounds that had proven
effective surface active agents in aqueous solutions.
McBain and Perry3showed that low concentrations
of laurylsulfonic acids are able to lower the surface
tensions of a group of hydrocarbons. Jones and
Saunders4 measured the surface tensions of a series
of n-aliphatic acids in nitromethane, and Kaminski6
observed the adsorption of lauric acid and lauryl
alcohol at the mineral oil-air interface using the
McBain microtome technique.

Many silicones and fluorochemicals are remark-
ably surface active in organic liquids. Banks67
reported the formation of stable polydimethylsil-
oxane films on oleic acid, olive oil, triacetin and
ethylene glycol, and Ellison and Zisman89demon-
strated with an all-Teflon film balance the mono-
molecular nature of films of the linear polymethyl-
siloxanes and certain perfluorocarbon derivatives
adsorbed on mineral oil, n-hexadecane and tri-
cresyl phosphate. Other silicones, as well as
various polyacrylates, polyalkylene ethers, organo-
silanes and the protein zein also were shown to be
surface active on certain organic substrates. Schol-
berg, Guenthner and Coon10 found that certain

(1) Presented at “Symposium on Surface Chemical Properties of
Fluorochemicals,” 134th Meeting of the American Chemical Society,
Chicago, Illinois, Sept. 11, 1958.

(2) National Research Council Postdoctoral Fellow.

(3) M. E. L. McBain and L. H. Perry, 3. Am. Chem. Soc., 62, 989
(1940).

(4) D. C. Jones and L. Saunders, J. Chem. Soc., 2944 (1951).

(5) A. Kaminski, “Properties of Surfaces,” N6ori-154-T.0. 11,
Stanford Research Institute Report, January 12, 1948.

(6) W. H. Banks, Nature, 174, 3G5 (1954).

(7) W. H. Banks, “Proceedings of the Second International Congress
of Surface Activity,” Vol. I, Academic Press Inc., New York, N. Y.,
1957, p. 16.

(8) A. H. Ellison and W. A. Zisman, This Journal, 60, 416 (1956).

(9) A. H. Ellison and W. A. Zisman. ibid., 59, 1233 (1955).

(10) H. M. Scholberg, R. A. Guenthner and R. I. Coon, ibid., 57,
923 (1953).

fluorocarbon derivatives, which were surface active
agents in water, also lowered the surface tensions of
organic substances more than any other agent ever
reported before.

Many classes of compounds are now being spe-
cifically synthesized to exhibit surface activity in
organic substrates. Blake, Ahlbrecht and Brycell
reported a series of polyfluoroquaternary ammo-
nium compounds that in small concentrations re-
duced the surface tension of selected organic sub-
strates. O’Rear and Zismanl2and O'Rear, etal.,13
described the synthesis and physical properties of
the partially fluorinated esters and ethers, and Elli-
son and ZismanMX reported the surface activity of
several of these fluoro compounds in n-hexadecane
and certain chlorinated hydrocarbons. Biswell,
et al.,binvestigated a series of polymers containing
basic nitrogen substituents which were claimed sur-
face active in hydrocarbon systems.

We report here the surface activity of many new
liquid fluorochemicals with respect to a variety of
organic substrates, the temperature being held at
20 + 0.2°. Each compound contains one or more
fluorocarbon chains of varying length somewhere
in the molecule. The substrate liquids selected have
a wide range of surface tensions and surface compo-
sitions. Each fluorine-containing compound was
examined qualitatively for its ability to spread on a
given substrate, as indicated by pushing Teflon in-
dicator powder8toward the tray wall. The spread-
ing behavior can be predicted by the well known
equation for the initial spreading coefficient.

(11) G. B. Blake, A. H. Ahlbrecht and H. G. Bryce, Am. Chem.
Soc., Div. Petrol. Chem., Gen. Papers, No. 32, 131-42 (1954).

(12) J. G. O’'Rear and W. A. Zisman, U. S. Patent 2,824,141 (Feb.
18, 1958).

(13) P. D. Faurote, C. M. Murphy, C. M. Henderson, J. G. O’'Rear
and H. Ravner, Ind. Eng. Chem., 48, No. 3, 445 (1956).

(14) A. H. Ellison and W. A. Zisman, “ Adsorption of Soluble Fluoro-
carbon Derivatives at the Organic Liquid/Air Interface,” Presented
at the “Symposium on Surface Chemical Properties of Fluorochemi-
cals,” 134th A.C.3. Meeting, Chicago, 111, Sept. 9, 1958. To be
submitted to This Journal for publication.

(15) C. B. Biswell, W. E. Catlin, J. F. Fronig and G. B. Robbins,
Ind. Eng. Chem., 47, 1598 (1955).
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Sbl, = 7a — (7b + 7ab)

where s v/a is the spreading coefficient of liquid “b”
upon liquid “a,” yais the surface tension of the
substrate liquid “a,” yb is the surface tension of
liquid “b” and yabis the interfacial tension between
“a” and “b.” This equation for the initial spread-
ing coefficient may be used in Harkins’ well known
equivalent form®

Shla = Fa—wc¢c
where

Wk = 7a + 7b — 7ab

wo — 27b

From past studies of surface activity in aqueous
solutions, it appears that the ability of a compound
to spread on water is a necessary but not sufficient
test for surface activity. We can expect the same
situation in surveying the surface activity of fluori-
nated liquids on organic substrates. Further discus-
sion of this point will be deferred to Part II.

Experimental

Materials.—A series of twelve organic liquids covering
the ordinary range of surface tensions were selected for use
as substrates in this investigation. The mineral oil was
U.S.P. grade, light, liquid petrolatum distributed by the
Crystal Soap and Chemical Company, Incorporated, n-
Hexadecane, m.p. 16.2-16.3°, was obtained from the Con-
necticut Hard Rubber Company; it contained small
amounts of ra-tetradecane. A double end-blocked polypro-
pylene oxide, Ucon Fluid DLB 44 E (free from antioxidant),
was procured from Carbide and Carbon Chemical Company.
Both tricresyl phosphate (80% para and 20% meta) and
nitromethane came from Fisher Scientific Company.
Aroclor 1248, trichlorobiphenyl, is a product of Monsanto
Chemical Company. Propylene carbonate, 1-methyl-
naphthalene and squalene, an unsaturated acyclic com-
pound, were Eastman “Practical Grade.” Phosphen 4
and Alkazene 42, commercial preparations with average
compositions of phenoxy bis-(o-chlorophenoxy)-phosphate,
and 1,2-dibromoethylbenzene, respectively, are products
of Dow Chemical Company. The bis-(2-ethylhexyl)-
sebacate used is marketed by Rohm and Haas Company as
Plexol 201; it was purified for us by C. M. m urphy of this
Laboratory by distillation in a molecular still and was sub-
sequently percolated through an adsorption column contain-
ing activated silica and alumina. Squalene, 1-methyl-
naphthalene, n-hexadecane, mineral oil, Ucon DLB 44E,
Alkazene 42 and Aroclor 1248 also were freed from polar
impurities by slowly passing each through columns of acti-
vated silica and alumina. Propylene carbonate and nitro-
methane were percolated through activated “ Florisil” and
alumina to remove polar impurities. Tricresyl phosphate
and Phosphen 4 were used as received.

Fluorine-containing compounds investigated for surface
activity were esters of mono-, di- and tri-carboxylic acids,
organosilanes and perfluoroalkanes and their monochloro
derivatives. A miscellany of other fluorochemicals investi-
gated included alcohols, phosphates, sulfonates, mercaptans
and sulfides. The perfluoroalkanes and their monochloro
derivatives were research samples obtained from the Penn-
sylvania Salt Manufacturing Company and were used as
received. Methods of preparing these perfluoroalkanes
and many of their physical properties have been reported
by Hauptschein, etal.I7 They will be designated throughout
this paper as follows, in accordance with the nomenclature
used by the supplier

C37 CFjCF(CF,)]Cl PPCL2
c3F7 CF2CF(CF3)]3aCl PPCL3A
c3F7 CF2CF(CF3]5Cl PPCL5A
c.F7 CF2CF(CF )[6aCl PPCL6A
c3F7 CF2CF(CF3]3F PPF3A

(16) W. D. Harkins, “The Physical Chemistry of Surface Films,”
Reinhold Publ. Corp., New York, N. Y., 1952, p. 97.

(17) M. Hauptschein, M. Braid and F. E. Lawlor, J. Am. Chem.
Soc., 79, 2549 (1957).
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CF7[CF2CF(CF3]64F PPF6A
{C3F7[CFXF(CFs) bA)2 PPC2A
iC2F6CF(CF3)(CH2CF26A]2  BVFC-5

Perfluorokerosene, FCD329, was obtained from du Pont de
Nemours & Company. The fluoroorganosilanes and mis-
cellaneous compounds,18 as well as the remaining fluoro-
esters and ethers1319 were synthesized by J. G. O'Rear and
co-workers in this Laboratory. These fluorine-containing
surface active compounds were carefully prepared, and
nearly all were used as received. Selected physical constants
for the fluorochemical surface active agents are given in the
3rd, 4th and 5th columns as well as in the 2nd row of Tables
I, Hand I1I.

An abbreviated system of nomenclature adopted by
Murphy, et al.,13will be used here for naming the partially
fluorinated compounds. The abbreviations used are

F(CF2,COOH ~-acid
H(CF2,COOH 0-acid
F(CF2),CH2OH 0 '-alcohol
H(CF2),CH2OH 0 '-alcohol

This system is extended to the remaining fluorochemicals.

Methods.—Surface tensions of the substrate liquids and
surface active agents were measured at 20 ° using the pendant
drop method, following essentially the procedure outlined
by Andreas, Hauser and Tucker2 and using the correction
tables compiled by Fordham.2l Results were reproducible
to within approximately + 0.1 dyne/cm. and were shown
to be accurate to 2% by calibration measurements on
liquids of known surface tensions. Due to their rarity and
the small quantities available, most of the fluoro compounds
were used as received; hence, several may contain trace
impurities. Unless the impurities are fluorinated com-
pounds, it is unlikely they will give rise to significant errors
in surface tensions. Density measurements were made at
20° by weighing a known volume of the fluorinated com-
nound as delivered from a calibrated micrometer syringe.
With this method a precision of +0.005 g./cc. was obtained.
The resulting surface tensions and densities are recorded in
Tables 1-111 and were used to calculate the parachors listed
in the same tables.

To determine the spreadability of each fluorochemical,
the substrate liquid was placed in a clean, shallow, glass dish
1.5 inches in diameter. Fine Teflon powder was sprinkled
over the surface to serve as an “indicator powder.” A
small drop of the fluorochemical on the tip of a clean plati-
num wire was touched to the center of the liquid surface.
If the dronlet spread over the surface of the substrate mov-
ing the Teflon powder to the container wall, the fluoro-
chemieal was considered a potential surface-active agent.
The relative stability of the spread film could be estimated
from the duration of time the Teflon powder indicated a
spreading pressure was being exerted upon it. After each
spreading test the substrate was discarded and the dish was
acid-cleaned before being used again. Results of these ex-
periments are summarized in Tables I-111 where an “0”
in the table indicates no spreading occurred, “S” denotes
spreading was observed and “1” denotes comparative film
insolubility because a positive spreading pressure was main-
tained for several minutes. Compounds observed are listed
in the tables in the order of increasing surface tension.

Results

The compounds that exhibited large spreading
coefficients on various of the organic liquids and
formed stable films, always contained organophilic
as well as organophobic groups in the molecule.
The effectiveness of any group as an organophilic or
organophobic constituent in a compound will ob-
viously vary with the chemical and physical proper-
ties of the organic substrate being investigated.
The surface activity of a compound in organic lig-

(18) J. G. O'Rear,
munication.

(19) P. D. Faurote and J. G. O’'Rear, J. Am. Chem. Soc., 78, 4999
(1956).

(20) J. M. Andreas, E. A. Hauser and W. B. Tucker, This Journal,
42, 1001 (1938).

(21) S. Fordham, Proc. Roy. Soc. (London), 194, 1 (1948).

Naval Research Laboratory, private com-
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uids is thus dependent upon the nature of the Uquid
substrate. This is made evident by the data in Ta-
bles 111 which give the qualitative spreading be-
havior of the various compounds observed on a va-
riety of organic substrates. Certain relationships
can be identified between the chemical constitu-
tions of the substrates and surface active agents and
their spreading behavior; these are discussed be-
low by class of spreading compound.

Fluorinated Carboxylic Esters.—The esters in-
vestigated were derived primarily from mono-, di-
or tricarboxylic acids treated with one of several
fluorinated alcohols. A few are the products of
fluorinated acids and nen-fluorinated alcohols.
Whereas the hydrocarbon portions of the esters
are organophilic, the highly fluorinated portions are
organophobic. The carboxyl group will be organo-
phobic in hydrocarbons but may be organophilic in
polar liquids depending on the presence of active
groups with which it may associate. Our data
show that surface activity results whenever the
fluorine substitution for hydrogen in the esters be-
comes sufficient to cause the outermost portions of
the adsorbed phase of the liquid to be rich in fluo-
rine atoms; in this way the surface tension of the
solution becomes less than that of the pure sub-
strate liquid. Table I reveals that spreadability in-
creases with the difference in surface tensions of the
surface active agent and substrate. As the fluorine/
hydrogen atomic ratio of a compound increases, its
solubility in the substrate liquid decreases, reducing
its spreadability even when there is a large differ-
ence between its surface tension and that of the sub-
strate.

As expected, derivatives of ji/-alcohols or j;j-acids
were much more effective than the corresponding
ip- and ~'-compounds in reducing the surface ten-
sions of the esters; hence, they had greater spread-
ability. For example, the surface tensions of the
3-methylglutarates derived from j/-alcohols are
about 5 dynes/cm. higher at 20° than those of the
corresponding j¢/-alcohol derivatives. Evidently,
this difference results because the terminal hydro-
gen of the j;"-derivative increases the surface tension
of the ester or ether.

Of the liquid fluoroesters investigated with an
F/H ratio between 0.50 and 5.00, only those with
surface tensions of 19.7 dynes/cm. or less gave evi-
dence of spreading on the surface of the Ucon fluid.
This behavior is similar to the spreading of organic
liquids on solids investigated by Fox, Hare and
Zisman.2 By analogy with their work, that sur-
face tension below which the fluoroesters begin to
spread on the substrate may be called the critical
surface tension, yc, of the substrate, with respect to
the family of fluoroesters. The critical surface ten-
sion of a solid can be determined more precisely be-
cause contact angle measurements can be used and
the surface tension varied unril the angle approaches
zero. When the spreading liquid is viscous and the
spreading coefficient small, the contact angle is
easily measured, whereas spreading may not be ob-
served during a short time of observation, which
may lead to low values for yc.

(22) H. W. Fox, E. F. Hare and W. A. Zisman, T his Journal, 59,
1097 (1955).
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Fluoroester liquids on Ucon fluids were observed
to have values of yc somewhere between 19.7 dyne/
cm. where spreading occurred, and 20.7 dynes/cm.
where spreading did not. We will estimate yc as
midway between these two values, i.e., yc = 20.2
dynes/cm. Substituting the surface tension of
23.0 dynes/cm. of Ucon fluid for yaand yc for yb in
the equation for the initial spreading coefficient and
equating Sv/a to zero, an approximate value of yab,
the interfacial tension, can be calculated; this is
given in the last row of Table IV. This method of
determining the critical surface tension assumes
that all spreading compounds having the same gen-
eral structure will give approximately the same
critical surface tension when spread on a given sub-
strate. Because the value of the interfacial tension
calculated here is for an interface at which little
mixing has taken place, it is really the initial inter-
facial tension; hence, it would be expected to be
higher than that determined under equilibrium
conditions. Critical surface tensions and approxi-
mate values of the initial interfacial tensions were
also estimated from the data of Table I for fluoro-
esters on mineral oil, n-hexadecane, bis-(2-ethyl-
hexyl)-sebacate and squalene. On liquids with
surface tensions of 35.9 dynes/cm. or greater, all
of the fluorinated compounds investigated spread
vigorously; therefore, critical surface tensions could
not be calculated for these substrates.

Table IV

Approximate Initial Interfacial Tension of
Fluoroester/O rganic Substrate Interface
(Data at 20°)

Critical pro'%prm_te
Surface surface interfacial
tension tension tension
Slfﬁmu{gt ¢ (dynggcm.) (dyneé)lcm.) (dyn)eg)cm.)
Ucon DLB 44 E 23.0 2C.2 2.8
n-Hexadecane 27.3 23.1 4.2
Mineral oil 29.9 23.8 6.1
Bis-(2-ethylhexyl)- 30.1 29.0 11
sebacate
Squalene 31.4 2b.7 4.7
Initial interfacial tensions of the fluoroesters

with Ucon DLB 44 E and bis-(2-ethylhexyl)-seba-
cate were appreciably lower than with the other or-
ganic substrates. This is to be expected as these
liquids contain ether and ester groups, respectively,
which should associate to some extent with the
fluoroesters studied. n-Hcxadecane,'white mineral
oil and squalene exhibited higher initial interfacial
tensions since they do not contain associating or
solubilizing groups. As could be expected by ex-
tending Pound’s rulezs to non-aqueous systems, the
interfacial tensions are in the inverse order of the
solubilities of the contacting liquids. The accuracy
of these approximate interfacial tension values was
verified by measuring several interfacial tensions
by the pendant drop method. The initial inter-
facial tension between bis-("'-heptyl)-3-methylglu-
tarate and hexadecane was determined as 5.4 dynes/
cm.; this is to be compared with the estimated
value of 4.2 dynes/cm. The measured value of bis-

(23) J.R. Pound, This Journal, 30, 791 (1926).
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((¢/-octyl)-s -methylglutarate against mineral oil of
6.6 dynes/cm. is to be compared with the estimate
of 6.1 dynes/cm. These values arein fair agreement,
the discrepancies being due to the poor sensitivity
of the spreadability method used and to the fact
that all compounds in each class in Table I do not
have exactly the same orientation and packing in
the interfacial phase.

Films resulting from spontaneous spreading have
stabilities which are a function of the chemical
constitutions of both the surface active agent and
the substrate liquid. However, film stability ob-
servations on several of the substrates were not re-
liable due to their high viscosities and the subse-
guent slow movement of the Teflon powder dis-
placed by the spreading agent. However, several
general conclusions can be made regarding the rela-
tive stabilities of the films after spreading. A ma-
jority of the stable fluoroester films observed were
formed on only four of the substrates: Aroclor
1248, Phosphen 4, Alkazene 42 and tricresyl phos-
phate. These substrate liquids are among those
having the highest surface tensions. Propylene
carbonate and i-methylnaphthalene act differ-
ently, and it is suggested these substrates do not
exhibit such stable films due to their greater ability
to dissolve the film.

Solubility plays an important part in these
systems. The phosphate substrates apparently
have less mutual solubility with the fluoroesters
than propylene carbonate, nitromethane or bis-(2-
ethylhexyl)-sebacate. 1-Methylnaphthalene exhib-
ited roughly the same solubility properties as min-
eral oil and squalene. Like Ellison and Zisman, 14
we found that the fluoroesters which were surface
active on n-hexadecane were also quite soluble in
it. Fluoroester derivatives of (;/-alcohols and <
acids were less soluble than corresponding ‘-and
A'-compounds. Any increase in the fluorine con-
tent of the molecule decreased the solubility of the
surface active agent; however, a decrease in the
F/H ratio, additional branching of the organophilic
portion of the molecule, or the addition of a phenyl
group increased the solubility of the fluoroester in
the organic substrate. It also was observed that
chlorination in the substrate increased the stability
of fluoroester films on most substrates.

Flaoroorganosilanes.—Fluorinated organosilanes
spread on the surface of each organic liquid only
when their surface tensions were considerably lower
than that of the substrate. Critical surface ten-
sions and approximate values of the initial inter-
facial tensions were estimated from the data of
Table 11 for several of the fluoroorganosilane-
organic substrate interfaces, and the results are
given in Table V. The initial interfacial tensions
between fluoroorganosilanes and the substrate lig-
uids were larger than those with the fluoroesters,
indicating greater mutual solubility of these three
substrates and the fluoroesters.

Ellison and Zismans obtained the interfacial
tensions between mineral oil and two of the organo-
silanes included in this study, bis-(i-butoxy)-bis-
(4/ octoxy)-silane and bis-(f-butoxy)-bis-(~'-hep-
toxy)-silane, by measuring the equilibrium spread-
ing pressure using the method of “piston films.”
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Table V

Approximate Initial Interfacial Tension oOf

Fluorosrganosilane-O rganic Substrate I nterface
(Data at 20°)

aree S pRA
st ter%swn ter715|on Uer_l\_smn
Squ%e (dynegcm.) (dyneg/cm.) (dyne?cm.)
Ucon DLB 44 E 23.0 20.0 3.0
n-Hexadecane 27.3 21.6 5.7
Mineral oil 29.9 22.3 7.6

They obtained values of 3.9 and 4.4 dynes/cm.,
respectively, agreeing well with the interfacial ten-
sion measurements made by the ring method of 4.0
and 4.5 dynes/cm. These values are much lower
than that of 7.6 dynes/cm. calculated here for the
typical fluoroorganosilane structure against mineral
oil. The higher value for the approximate inter-
facial tension may again be due to the lack of sensi-
tivity of the spreading tests used in this investiga-
tion.

Fluoroorganosilane derivatives of <f>"-alcohols ap-
pear to be more surface active than the ~'-deriva-
tives, and they generally formed more stable films
on the substrates investigated. Compounds con-
taining two long fluorocarbon chains in combina-
tion with two hydrocarbon chains were more sur-
face active and insoluble than those with four short
fluorocarbon chains, even though they had approxi-
mately equal F/H ratios. When the percentage of
fluorine in the molecule was small, as in tetrakis-
(I-trifluoromethylheptoxy)-silane, the compound
showed increased organophilic behavior and the
surface tension was higher and nearer that of a non-
fluorinated organosilane. When the substrate lig-
uids contained phenyl groups and halogen atoms,
and hence had higher surface tensions and viscosi-
ties, the films were more stable.

Perfluoroalkanes.—Perfluoroalkanes and their
monochloro derivatives exhibited some ability to
spread on organic substrates, provided the surface
tension of the substrate was sufficiently higher than
that of the spreading liquid. Critical surface
tensions for Ucon fluid, n-hexadecane and mineral
oil obtained with respect to the perfluoroalkanes,
and the approximate interfacial tensions calculated
as in the preceding sections, are listed in Table VI.
The interfacial tension of PPCL5A on mineral oil
was determined by the pendant drop method to be
7.6 dynes/cm., which is to be compared with the
estimated valve of s.s dynes/cm.

Table VI

Approximate Initial Interfacial Tension of
Perfluoroalkane-O rganic Substrate Interface
(Data at 20°)

Critical proxi : te
Surface surface interfacial
st ter}smn ter;smn ter_|1_5|on
SHqUI%e (dynegcm.) (dyneg/cm.) (dyneg)cm.;
Ucon DLB 44 E 23.0 17.3 5.7
n-Hexadecane 27.3 19.5 7.8
Mineral oil 29.9 18.5 8.8

Interfacial tensions between these substrates and
perfluoroalkanes were higher than those of the
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fluoroorganosilanes or the fluoroesters, presumably
because of the lack of organophilic groups in the
molecules. The covalent chlorine atoms present
in several of the perfluoroalkanes are somewhat or-
ganophilic and increase the stability of the films.
Compound BVFC-5 has several methylene groups
in each molecule which increases its solubility in
these organic substrates and stabilizes the films pro-
duced. Compound PPC2A, which is completely
fluorinated, exhibited surprising stability. This
may arise from its somewhat different structure, or
perhaps results from the presence of impurities.
Fluoroalkanes of low molecular weight such as
PPCL2 PPF3A, periluorokerosene and PPCL3A
are very volatile; hence, their films evaporated
soon after spreading. Compound PPF3A and PP-
CLsA both spread on many organic substrates, but
soon after spreading the Teflon powder slowly
moved back to cover completely the surface of the
liquid substrate.

Miscellaneous Compounds.—A number of other
classes of fluorochemicals, each represented by
one or two compounds, were spread on the various
organic substrates. Among the various reactive
groups to which the fluorocarbon chains were at-
tached, i.e., alcohol, sulfonate, chloride, mercaptan,
ether, phosphate and sulfide radicals, some were
organophobic, depending upon the substrate with
which they were in contact. The greater the
number of carbon atoms in the fluorocarbon chain,
the more effective it was in increasing spreadability
and film insolubility. Again the <E-derivatives
were more effective spreading agents than the \p-
derivatives. Because of the small number of com-
pounds in each class that were available for study,
few generalizations can be made about the relation
of organic structure to surface activity. These ex-
periments do show, however, that each polar group,
when combined with a fluorocarbon chain of appro-
priate organophobicity, is capable of exhibiting
spreadability on the surface of many organic liquids.
It is apparent that the greater the degree of internal
cohesion or bonding between the active groups in a
liquid, the greater its surface tension and the less
surface active on organic liquids it will be. In
short, as Harkins and Feldman concluded many
years agozs from their work on spreading upon
water, spreadability (and the spreading coefficient)
will be decreased by any molecular constitutive
change which increases the cohesional energy with-
out increasing the adhesional energy.

Parachors.—Molecular parachors were calculated
for the fluorinated liquids whose surface tensions
and densities are being reported here for the first
time. Molecular parachors for these fluorinated
compounds calculated using Quayles 2 or Vogel'sz
tables of atomic parachors were consistently larger
than the observed values. This is caused by the
rather large value of 26.1 they reported for the
atomic parachor of fluorine. Using Vogel's other
atomic parachors, the fluorine parachors were cal-
culated for each compound and are given in Tables
I—+ll. The average value for the atomic parachor

(24) W. D. Harkins and A. Feldman, J. Am. Chem. SOC., 44, 2605
(1922).

(25) O. R. Quayle, Chem. Revs., 53, 439 (1953).
(26) A. 1. Vogel, J. Chem. SOC., 1833 (1948).
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of fluorine calculated from our molecular parachors
was 22.5. This agrees well with the value of 22.8
obtained at this Laboratory by Faurote, et ai.,13
using some of our surface tensions and VVogel’s other
atomic parachors. If Sugden’s atomic parachorsZ
are used, the average calculated atomic parachor of
fluorine is 24.9. Values for the atomic parachor of
fluorine obtained using Quayles’ or Vogel's para-
chor increments show less variation than those de-
termined using Sugden’s values. It is concluded
that a value of between 22.5 and 22.8 for the fluo-
rine atomic parachor using Vogel’'s atomic para-
chors is more precise and accurate than values pre-
viously reported for fluorine covalently bonded to
carbon.

General Discussion

A large number of fluorinated organic liquids
have been shown to spread spontaneously on the
surfaces of a number of organic liquids. In each
spreading compound studied, the various fluorocar-
bon chains were the primary organophobic portions
of the molecule, while the hydrocarbon groups
were organophilic. Increased substitution of fluo-
rine in the organophobic group in a molecule de-
creases its surface tension and generally increases its
spreading coefficient on a given organic substrate.
Provided that structural changes do not make
the reversible work of cohesion (w ¢) begin to in-
crease with respect to the reversible work of adhe-
sion (IPa), the greater the organophobic/organo-
philic ratio in such a molecule, the greater the
spreading coefficient.

It is concluded that the lower the surface tension
of the solute compound and the greater that of the
organic solvent or substrate, the greater the spread-
ability and surface activity of the fluorochemical.
Spreadability appears to be a necessary but not a
sufficient condition for surface activity. Even

27
Sons, Ltd., London, 1930, p. 38.
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when the initial spreading coefficient (<30d) is posi-
tive, there is no indication of the extent the surface
tension of the substrate will be lowered. Usually,
as in this study, the term “surface activity” is re-
served for those compounds which in small concen-
trations effect a large reduction in the surface ten-
sion of a given substrate or solvent.

In designing a compound to be surface active on
an organic liquid, it is desirable to use those organo-
philic and organophobic radicals or constituents
that contribute least to the surface tension and give
a low value of IPc and a high value of IPa. Syn-
thesis of new agents using the cf>-alcohols and <
acids results in liquids with much lower surface
tensions than the corresponding ~-alcohols and
iacids. Increased branching of either the or-
ganophilic or organophobic part of the molecule, or
the addition of an aromatic nucleus, will increase its
surface tension and its mutual solubility with many
organic substrates, but will also tend to decrease the
reversible work of cohesion, TFc-  Polar groups will
be organophilic or organophobic depending upon
the reactive groups present in the substrate. They
mil generally increase the reversible work of cohe-
sion IPc of the compound, increasing its surface
tension. It is a useful guide to realize that the de-
pression of the substrate surface tension by solution
of the spreading agent will never be greater than
the difference between the surface tensions of the
substrate and the surface active agent.

On the basis of these experiments on spreading,
many of the new compounds described here are
promising as surface active agents for organic lig-
uids. Further work on these compounds is needed,
however, to determine their efficiency in lowering
the surface tension of the various substrates. In
addition, the spontaneous spreading of several of
the compounds investigated appears to produce in-
soluble monolayers on various of the organic sub-

S. Sugden, “The Parachor and Valency, ' G. Routledge and strates which would lend themselves to StUdy by

means of the all-Teflon film balance.89
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The decomposition of hypobromite in sodium hydroxide solution was reinvestigated.
consist of two consecutive second-order reactions and was found to take place exclusively between the anions.

tions exhibited a positive salt effect.

The reaction was confirmed to
The reac-

However, no correlation between the ionic strength and the rate constants was found.
At a given cation concentration, the effects of salts containing mono-, di- or trivalent anions were almost identical.
the 8 anions investigated, only the hydroxyl ion has a specific accelerating effect.

Among
The effect of monovalent cations is specific

and increases from lithium over sodium and potassium to rubidium and cesium. This specificity is more pronounced at

higher hydroxyl ion concentrations.

Introduction

The decomposition of hypobromite solutions into
bromate and bromide has been the subject of sev-
eral investigations,1and has been shown to proceed

(1) P. Engel, A. Oplatka and B. Perlmutter-Hayman, J. Am.
Chem. Soc., 76, 2010 (1954), where previous literature is quoted.

via bromite as an intermediate.’2 For the reaction
in alkaline solutions, Chapin2 found the reaction
rate to be at a minimum at pH 13.4, and from
there to increase steeply with increasing pH (in
KOH solution). He found the reaction to be of

(2) R. M. Chapin, ibid., 66, 2211 (1934).
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second order in normal
solution.

In the present paper further details on the kinet-
ics of the decomposition in alkaline solution are
presented. Furthermore, it has been our object
to investigate the influence of added ions on the

reaction rate.

potassium hydroxide

Experimental

The chemicals used for the preparation of the reaction
mixtures were all analytical grade. In most of the experi-
ments a sample of bromine was used which had been puri-
fied locally. Checks were carried out with bromine
samples from other sources, and gave identical results.
Triply distilled water was used.

The reaction mixtures were prepared by pipetting a suit-
able amount of bromine into a cooled solution of the re-
quired composition. The reaction mixture was then im-
mersed in a thermostat. The “ zero” of time was taken as
about 15 minutes after immersion. In most cases the reac-
tion was found to be so slow that an uncertainty of several
minutes in the zero of time does not influence the results.

The samples used for analysis were first transferred into a
test-tube, quickly brought to room temperature, and the
time was noted. Measured amounts were then either
analyzed directly, or were suitably diluted, and aliquot
parts were analyzed. When the time elapsed between the
taking of the sample and the titration was more than about
20 minutes, the cooled samples were stored in the refrigera-
tor. At each point 3 analyses usually were carried out:
total oxidizing capacity, 0, oxidizing capacity with respect
to arsenite, P (measuring the normality of hypobromite

plus bromite), and the molarity of bromite, B. The
analytical methods are those previously described.1
The experiments usually were carried out in glass-

stoppered erlenmeyer flasks, afeer a control experiment
carried out in a “low Actinic” flask showed that the light
to which the solutions are exposed in an ordinary vessel has
no measurable influence on the course of the reaction. Di-
rect illumination was avoided. When the reactions took
several days, they usually were carried out in sealed am-
poules to avoid evaporation. The temperature inside theam-
poules was assumed equal to that of the thermostat whereas
that in the flasks was found to be constant, but slightly
lower.

The initial concentration of hypobromite was usually
between 0.030 to 0.055 M. The change of concentration
due to expansion was taken into account.

The values of rate constants given below refer to 78.6°,
and are given in moles-11 hr.-1.

Results

Reaction Mechanism.—All the experiments fol-
loned a course typical for a second-order con-
secutive reaction, just as in the case of the decom-
position at pH « 8.1 We again assume the reac-
tion to be

k,
2Br(l)—~ Br(l11) + Br- 1)

Br(lll) + Br(l) Br(V) + Br- (2)

Whenkz»  «i, Br(ll1) can be considered an un-
stable intermediate, and a plot of POP against the
product of time and initial molarity will yield a
straight line whose slope is Our experimental
values did not yield straight lines, but curves which
were very flat at the beginning, and approached
straight lines as the reaction proceeded. This shows
that the steady-state simplification is not applic-
able. A method of dealing quantitatively with
such cases has been developed in our department3
and the limiting slope has been shown to be smaller
than 3/fi, namely

(3) I1.J. G. Hayman aud B. Perlmuttcr-Ifaynian, to be published.
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d(P,/P) = /2+ V4R* - 8R + 1 - 2R\
d(Pa/2) ‘Al + V4rR2- sr + 1+ 2RrRj
wherer = «kirka.

Furthermore, when suitable correction terms are
subtracted from the experimental values of Po/P,
“corrected” values are obtained which, when plot-
ted against the product of time and initial molarity
should yield straight lines during the whole course
of the reaction, the slope being given by expression
I. In order to apply the correction, and in order
to calculate «i from the slope, one must know r.
This quantity was obtained for each experiment by
comparing a plot of the experimental values of 4s /
POvs. P/Po with a family of theoretical standard
curves which shows the dependence between these
two quantities, for various values of r. The fact
that the treatment outlined yielded straight lines
proves the applicability of the method, and shows
the experimental results to be in quantitative
agreement with the proposed mechanism. In par-
ticular, a nearly 15-fold variation of the initial
concentration did not affect the value obtained for
the rate constants (0.4 n NaOH, 165 v NazZ04
being added).4

Neither the ratio of volume over surface in the
vessel used, nor the addition of glass wool had any
effect on the reaction rate.

The loss in total oxidizing power was usually zero
or very small, in which case the results were cor-
rected accordingly.5 In some experiments the loss
in oxidizing capacity was considerable6 owing to
the presence of traces of an unidentified catalyst.
Such experiments were discarded.

Influence of Added Salts.—When at constant
hydroxyl ion concentration, sodium sulfate was
added to the reaction mixture, a pronounced ac-
celerating effect was noted. The results for
[OH- ] = 0.4 are shown in Fig. 1 (crosses). Similar
results were obtained at [OH-] = 0.9 and 2.7. In
another series of experiments, again at [OH-] =

“4) In some cases where the reaction was followed to more than
75% conversion an increase in the slope was observed, which in the
range of conversion between 75 and 85% amounted to 10 to 20%.
This increase is not in accordance with the above mechanism, and
cannot, so far. be explained. The tentative assumption that a con-
comitant reaction of order one or zero should be responsible for this
increase contradicts the independence of the rate constant on the
initial concentration; furthermore, even when applied to one par-
ticular reaction, the hypothesis did not yield a quantitative fit. Simi-
larly, the suggestion of catalysis by the bromide or bromate formed
during the reaction has to be discarded: the rate constants for two
experiments carried out in the presence of 0.4 N OH ”, and 2.3 Arsodium
bromate and perchlorate, respectively, showed an agreement which
was w'ell within the limit of experimental error. On the other hand,
when perchlorate was replaced by bromide, the rate constant walL
lowered by about 17%, an effect which can be explained on the as-
sumption that reaction 1 is a reversible one, with a rate constant of
the back-reaction equal to about 0.02 that of the forward reaction.
(The concentration of bromide usually present in the reaction mixture
is so low as to justify our disregarding this reversibility in our kinetic
treatment).

/P do
— was subtracted from the “"corrected” values
Pc P2
of Po/P. This correction is exact when the steady-state simplification
applies, and is sufficiently accurate in our case since (a) only experi-
ments were considered in which the correction term is small and (b)
the value of Ii is low, i.e., the deviation from the steady state is not
very serious. We are indebted to Dr. H. J. G. Hayman for suggesting
this correc tion.
(® G. Stein and B. Perlmutter-l1layinan, Bull. Res. Counc. Israel, 4,
325 (1954).
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Fig. 1.—The influence of sodium ion concentration on the
rate constant: X, 0.4 7V sodium hydroxide plus sodium
sulfate; O, sodium hydroxide. (Approximately 0.1 M of the
Na+ are present in the form of bromide, hypobromite and
bromate.)

Molarity of alkali hydroxide.

Fig. 2.—Influence of alkali hydroxide concentration on
reaction rate: e, LiOH; O, NaOH; O, KOH; O, RbOH;
C, CsOH.

0.4, [Na+] was kept constant at 2.8 m by the addi-
tion of various sodium salts. In the presence of

B. Perlmutter-Hayman and Gabriel Stein
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2.3 m sodium bromate, perchlorate, nitrate and
chloride (n = 2.8) the mean value of fg was 0.96 +

0.05 (maximum deviation). When 1.15m Na:So.

was present fu = 3.95), «\ was 0.94, while in the
presence of 0.767 m» NasPs s+ or Na3As04(m = 5.12)
it was 1.02 and 1.1, respectively. The univalent
anions used have thus no significant specific effect;
furthermore, the small differences between uni-,
di- and trivalent anions are only slightly more pro-
nounced than those between different anions of the
same valency type.

Similarly, when in 0.4 » potassium hydroxide
solution the potassium ion concentration was kept
in a constant value of 2.8 by the addition of suit-
able amounts of potassium nitrate and phosphate,
the rate constants were 1.14 and 1.24, respectively.
It would seem that the influence of anions, though
small, is not completely spurious since the ratio of
phosphate to nitrate is about 1.1 for both cations.

In a further series of experiments [OH-] was
again kept constant at 0.4 »m , and the cation con-
centration at 2.8 m (usually by the addition of 1.15
v alkali sulfate?), while the nature of the cation
was varied. The cations were found to have a pro-
nounced specific effect, the values of ki being 0.74,
0.94, 1.08 and 1.20 for Li+, Na+, K+ and Rb+, re-
spectively.

It follows that the accelerating effect of salt con-
centration on the reaction rate, as exemplified by
the results with NaZ2s 04given above, can be ascribed
primarily to a specific effect on the part of the cat-
ion, the anion apparently playing only a subsidiary
role. In particular it should be noted that the de-
pendence of the rate constant on the salt concen-
tration cannot be expressed in terms of the ionic
strength. (The constant varies by * 9% while the
ionic strength increases by a factor of 1.7.)

However when instead of other anions OH- was
used to increase the alkali ion concentration, a
small but significant accelerating influence over and
above that of other alkali compounds was noted;
for the case of sodium this is illustrated by Fig. 1,
where the influence of sodium sulfate at [OH- ] =
0.4 m (crosses) can be compared with that of so-
dium hydroxide (circles). Furthermore, this ac-
celerating influence of the hydroxyl ion seems to be
enhanced by the presence of the heavier cations.
(At an alkali ion concentration of 2.8 m , and [OH- ]
= 27wm,/Md = 0.82, 120, 146, 1.68 and 1.68 for
Li+, Na+ K+, Rb+ and Cs+, respectively. The
ratio of ki in experiments were [OH-] = 2.7 to ki in
those where [OH-] = 0.4 thus follows the series
1.11, 1.28, 1.35, 1.40 for the four cations.)

This latter effect becomes especially apparent
when the dependence of the rate constant on the
alkali hydroxide concentration is investigated. Fig-
ure 2 shows the marked specific effect of the vari-
ous cations.

Bromite Concentration.— The value of «: is even
more strongly affected by the nature of the cation
than is k2. In the case of lithium, r (the ratio of
the rate constants, «i/x2 is 0.084 + 0.003 in 4
experiments where [Li+] varies between 2.8 and
45 m and [OH-] between 0.4 and 2.7. For so-

(@) In the case of K

inferred from the assumption that fcKsSOM&KNOi = &NaSO.i:&NaNOa-
Potassium sulfate is not sufficiently soluble.

the value of the rate constant for K2SO4 was
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dium, R is 0.058 + 0.004 as a mean of 25 experi-
ments, at 78.6 and at 59.5°, and at sodium hydroxyl
ion concentrations varying between 0.2 to 4.6.
There was no perceptible trend with any of these
variables although the rate constants «i varied up
to 3.5 fold at 78.6°, and 2.1 fold at 59.5°. They
therefore seem to affect k2 to the same extent as
they affect k\.

For potassium and rubidium, R = 0.040 =+
0.002 in 4 experiments where the cation concen-
tration was 2.8 and that of OH- was 0.4. For the
heavier cations, however, R is no longer independ-
ent of the concentration of alkali hydroxides: for
potassium it decreases to 0.02 and 0.01, respec-
tively, in 1.5 and 3.0 n KOH. For rubidium and
cesium the effect is still more marked, and in 2.8 n
solution of the hydroxides R becomes too small for
determination. From the fact that the p o vs. t
plot no longer shows the form characteristic of a
consecutive reaction3we conclude R < 0.007.

The maximum bromide concentration [BrO2-]nax
is connected with R by the expression

[Bro2Jmei = R [BrO™Jmei

The value of [BrO- Jnex the concentration of hypo-
bromite at which the bromite concentration equals
[Bro2 Jnmax is dependent on R.3and decreases from
p o for negligibly small R to 0.66 p cat R = 0.084.
From this, we calculate that the percentage of the
original hypobromite normality transformed into
bromite at its maximum is 11.2 and 8.3 for Li+ and
Na+, respectively. For K+ and Rb+at 2.8 M and
in the presence of 0.4 m OH- itis 6.2, whereas in 3
M potassium hydroxide solution it is 1.8, and be-
comes negligible in 2.7 M rubidium and cesium hy-
droxide.

Energy of Activation in the Presence of Sodium
Salts.—Energies of activation were measured by
comparing experiments at 59.5 and 78.6°, using
the expression

E.= R (d Inksd

which gives the apparent energy of activation. The
mean value for 8 pairs of experiments is 22.60 *
0.53 kcal. mole-1 in the concentration ranges be-
tweeen 1 to 5 M for sodium ion, and 0.4 to 4.9 for
hydroxyl ion. No trend with any of these two
variables could be detected.8 This is somewhat
surprising, since in analogy to the effect of ionic
strength at lower concentration an increase in the
salt concentration might be expected to increase
both the frequency factor and the apparent energy
of activation.9 The results are not sufficiently ac-
curate, however, to state conclusively that in this
case sodium and/or hydroxyl affect only the fre-
quency factor.

Discussion

Influence of Hydroxide Concentration.—Both
hypobromous and bromous acids are practically
fully dissociated under our conditions.10 If in this

(8) Three experiments at 45° were carried out. The average for
the activation energies between 59.5 and 45° is 22.61, i.e., identical
with the above. The high scatter in the lower range, however, makes
this agreement seem fortuitous.

(9) See, eg.y E. A. Moelwyn-Hughes, “The Kinetics of Reactions
in Solution," 2nd ed., Oxford Press, New York, N. Y., 1947, p. 103.
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Molarity of sodium hydroxide.

Fig. 3.—The dependence of log ki on sodium hydroxide con-
centration.

range of pH the change in the dissociative equi-
librium between these acids and their respective
anions had any influence on the reaction rate, an
increase in [OH- ] would cause a sharp decrease in
the reaction rate. The opposite has been observed.
We may therefore assume the accelerating influence
of OH- to be a specific one, and conclude that the
reactions in this range take place exclusively be-
tween anions, according to

2BrO_— > Br02- + Br_
Br02- + BrO~ — > Br~ + BrOs-

(la)
(2a)

The Specific Influence of Cations.—The inappli-
cability of the concept of ionic strength to the
kinetics of reactions between ions in solution, and
the influence of the valency of the ions of opposite
sign on the rate of reaction between ions of like
sign have recently been revived by Olson and
Simonson.11  This subsequently was showni to
be a natural consequence of Bronsted’s original
views.1s The fact that in the presence of polyva-
lent ions of sign opposite to that of the reacting ions
the Debye-Hiickel limiting law cannot be applied
to evaluate Brpnsted's “kinetic factor'1 is also ap-
parent from the work of La Mer and co-workers. 1415
The high ability of a polyvalent cation to form an
ion-pair with one of the reacting anions has been
adducedis as an explanation for the fact that in the
presence of such cations the experimental results do
not agree with the Debye-Huckel-Bronsted theory
even at very low ionic strength. More recentlyiris
activated complexes have been formulated in which
an ion of opposite sign forms a “bridge” between
the two reacting ions of hke sign.

(10) The pK of hypobromous acid is 8.7 at room temperature (L.
Farkas and M. Levin, 3. Am. Chem. Soc., 72, 5766 (1950)). Even
at the lowest value of NaOH used, the undissociated acid constitutes
only 2 X 10“8 of the hypobromite concentration. Bromic acid
may be assumed to be somewhat stronger, and will be still more fully
dissociated.

(11) A. R. Olson and T. R. Sinjonson, J. Chem. Phys., 17,
(1949).

(12) See, for instance, M. Kilpatrick in “Annual Review of Physical
Chemistry," 1951, p. 269.

(13) J. N. BrOnsted, J. Am. Chem. Soc., 44, 877 (1922).

(14) V. K. La Mer and R. W. Fessenden, ibid., 54, 2351 (1932).

(15) V. K. La Mer, Chem. Revs., 10, 179 (1932).
\%
H.

1167

(16) V. K. La Mer, 3. Am. Chem. soc., s7, 2662 (1935).
17) Taube, et al., ibid., 75, 4119 (1953); 77, 4481 (1955).
(18) F. M. Beringer and E. M. Gindler, ibid., 77, 3200 (1955).
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The primary factor deciding the influence of the
ion of unlike sign usually has been considered to be
its valency; special attention to specific effects
within a group of ions of equal charge-type has been
paid by von Kissis and, more recently—while the
present research was in progress—by Sheppard and
Wahl 20 As pointed out by the latter it is not sur-
prising that such specific effects should exist; we
might expect them to be particularly pronounced in
concentrated solutions. Our results indicate that
positive ions are more efficient in promoting the re-
action between two hypobromite ions, or a hypo-
bromite and a bromite ion, the smaller their hy-
dration and thus the smaller their radius in solu-
tion. This is the expected effect if we assume the
role of the ion of unlike sign to lie in helping the
two reacting anions to overcome their electrostatic
repulsion. In this case it would seem only a mat-
ter of definition whether or not the cation is to be
considered as a part of the activated complex,
forming a bridge between the two anions. Alterna-
tively, the presence of the cation in the activated

(19) A. von Kiss and V. Bruckner, Z. physik. Chem., 128, 71 (1927).

(20) J. C. Sheppard and A. C. Wahl, J. Am. Chem. Soc., 79, 1070
(1957).
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complex may actually provide a reaction path dif-
ferent from that which is taken in the absence of the
cation. (The concentration of such an activated
complex would in turn be favored by a high salt
concentration.) At present, no decision between
the two possibilities can be made.

The accelerating influence of the hydroxyl ion
suggests the existence of an alternative reaction
path involving transfer of oxygen via OH". For
this reaction between three anions the presence of
a cation is certainly even more imperative, and the
influence of its radius will be even more pronounced.
In this case, it seems natural to look upon the cat-
ion as part of the activated complex.

Regarding the relationship between salt concen-
tration and rate constant we found empirical ex-
pression (11) to be applicable

d log kiZdc = a (1)
where c is the salt concentration and a a constant.
(See Fig. 3 where log fo is plotted vs. [NaOHlI.)
Expression Il constitutes the rule of Grube and
Schmid, 21 proposed by these authors for a reaction
of somewhat different type.

(21) G. Grube and G. Schmid, Z. physik. Chem.. 119, 19 (1926).

DEUTERIUM EXCHANGE BETWEEN WATER AND BOEHMITE
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The kinetics of the exchange of D*0 vapor with crystalline boehmite (particle size co. 1 p) were studied from 85-151°.
The Berthier exchange ratio C (number of exchangeable atoms in the solid relative to vapor phase) ranged from 0.7 to 2.3.
The D2 pressure was varied from 0.-11 to 0.95 atm. A rapid initial surface exchange preceded the slower diffusion-controlled
exchange with the bulk crystal. After correction for this surface exchange the data followed the appropriate diffusion
equation (spherical particle case). 1Jue to the uncertainty in crystallite size absolute values of the diffusion coefficient D
are in doubt by a large (but constant) factor. However, the temperature dependence of D furnishes a reliable value for the
activation energy: Ed = 129 £ 0.S kcal./mole. Auxiliary exchange experiments carried out with DD Is showed very
slow exchange of O1Bcompared to that of deuterium. This suggests independent migration of protons (deuterons) and

oxygen carrier ions through the boehmite lattice.

Introduction

A preliminary study: of the exchange of liquid
D20 1s with boehmite (a-alumina monohydrate) of
sub-micron crystallite size at temperatures above
100 ° indicated rapid deuterium exchange, with very
slow concurrent Ois exchange. The results were
interpreted on the basis of a slow step involving
independent diffusion of protons and oxygen carrier
ions. The present investigation was undertaken to
obtain more precise data on the kinetics of the deu-
terium exchange between gaseous water and boehm-
ite of known particle size and specific surface area.
From such data the proton diffusion coefficient,
the proton mobility and the activation energy for
proton diffusion in the boehmite lattice could be
evaluated.

1) R. B. Bernstein, ANL-5889, Argonne National Laboratory,

U.S.A.E.C., Aug., 1958.

Experimental

A. Materials.—D2 (99.8 at. % D) was used in the ex-
change studies. For the preliminary experiments D2 B
(99.8 at. % D, 1.4 at. % 013 was employed. Boehmite
(Anal.: Al.Os, 84.7; ealed. for A102H, 84.98) was prepared2
by the reaction of high purity aluminum (>99.99%) with
1120 at 350° for ca. 15 hr. X-Ray diffractograms3revealed
no lines duo to crystalline impurities.

For all experiments except the preliminary ones reported
in ref. 1, the boehmite was ground in an agate mortar, then
fractionated by successive suspensions in water. A "center
cut” of particle size was obtained by 3-5 successive sedi-
mentations in water for 30 minute periods. The large
agglomerates and the very fine particles were effectively re-
moved by this procedure. The product was dried at 120°
for 6 hr., lightly ground and stored in a desiccator. Two

(2) The authors wish to thank J. E. Draley and W. E. Rutlier of
the Argonne National Laboratory for furnishing the boehmite samples,
and R. Banc of the A.N.L. for chemical and spectrographic analyses.

(3) Through the cooperation of S. Siegel and E. Sherry of the
A.N.L.
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batches were prepared in this way; a third was separatedl
by a more extensive sedimentation procedure. A micro-
photographic study4bof these three batches indicated par-
ticle size (diameter) distributions with maxima at 1.0, 1.0
and 1.2 p for batches I, Il and 111, respectively. However,
BET (N2 surface areas were found4to be 7.3, 10.9 and 6.7
ni.2g., corresponding to effective sphere diameters of 0.28,
0.18 and 0.30 p, respectively. Electron micrographs4
showed the absence of very fine particles; thus the observed
particles probably consisted of agglomerates of smaller
crystallites.

B. Analysis.—Water samples (5-10 mg.) were quanti-
tatively converted to H2H D -D - by reaction with hot zinc,
then analyzed (+1 at. % D) mass spcctrometrically using
a calibration curve. Deuterated boehmite samples were
analyzed by dehydration at 450° in vacuo after an initial
evacuation at room temperature. Preliminary experiments
showed that 96-98% of the stoichiometric amount of water
was liberated. X-Ray diffraction3 showed the residual
crystalline solid to be t-A1D 3

In a number of caseslthe total oxygen was removed from
the boehmite by treatment with KBiF, at 500°.6 Oxygen
yields of 97-99% were obtained. For the OB experiments
the oxygen was assayed mass spcctrometrically6é and com-
pared with oxygen evolved from the stock D2 Bby treat-
ment with BrF3.7

C. Procedures.—The conditions for the preliminary ex-
changes of boehmite with liquid D2 Bhave been described.1
For the experiments with gaseous DA), the procedure was
as follows. A weighed amount (4-12 g.) of boehmite was
placed in a 2-liter flask and evacuated at 120-150° for sev-
eral hours. A known weight of DD was introduced as a
vapor into the flask, which was then sealed and rotated
on a glycerol-bath. The whole system was enclosed in a
constant temperature oven (+1°). During the reaction
period small amounts (ca. 5 cc. atm.) of vapor were with-
drawn from the flask (by gas pipetting) at definite times and
assayed for deuterium. A number of the deuterated solid
samples were also analyzed at the end of the exchange ex-
periments; the assay agreed within experimental error with
that calculated from the analysis of the corresponding vapor
sample.

The pressure in the reaction flask was calculated from the
quantity of water introduced; it ranged from 0.41 to 0.95
atm. Temperatures studied were from 85-151°. The
Berthier exchange ratio C (number of exchangeable atoms in
the solid relative to vapor phase) was adjusted from 0.7 to
2.3; most experiments were carried out at a value of C = 1.

Results

In all cases it was found that, a rapid initial ex-
change (presumably with the first few surface lay-
ers) preceded the slow, diffusion-controlled ex-
change with the bulk crystal. The magnitude of
this surface exchange (determined from the inter-
cepts of plots of the fraction exchanged vs. the
square root of the time) was somewhat variable;
the average value was ca. 10%.

The data may be treated using a 3-phase model
based on an intact solid particle surrounded by a
film which is in labile isotopic equilibrium with the
gas phase. The symbols ns, nt and ng represent
the number of gram atoms of hydrogen plus deu-
terium in the solid, the film and the gas phase, re-
spectively. The fraction of total solid phase which
is labile is thus X = ni/(ns + «{) and the Berthier
ratio is G = (nB+ ni)/n,,. The symbols xs, xt and
xe denote the (average) atom fraction deuterium in
each phase. The true fraction exchange in the

(4) By the Fine Particles Group of the Armour Research Founda-
tion, Chicago, 111, under the supervision of S. Katz.

(5) I. Sheft, A. Martin and J. Katz, J. Am. Chem. Sue., 78, 1557
(195G). Thanks are due to I. Sheft and M. Roomer of the A.N.L.
for their cooperation in this connection.

(6) OBassays through the cooperation of D. Hutchison and H. Rest
of the A.N.L.

(7) H. Hoekstra and J. Katz, Anal. Chem., »s, 1608 (1953).
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bulk solid is/* = xs/xmand the apparent fraction
exchange based on assay of the gas phase is/a =
(xo — x@)/(xo — xa). Here x0 xe and x«, represent
values of the atom fraction deuterium in the gas
phase originally, after time tand at equilibrium. It
is noted that xo/xm= 1+ C. From material bal-
ance at any time, xsqs -f- x(nf + xene = xong.
Assuming xi = xe, one obtains the relation: /* =
1— @ —/a( + c\)/(I —X). Letting//denote
the apparent “zero-time” fraction exchange (the
initial exchange with the film; i.e., the intercept on
a plot of/avs. tlIA) and xg° be the atom fraction deu-
terium in the gas phase directly after the initial
exchange, /& = (xo — xg°)/(x0o —ax)and X =1///
[L+ C(1 —fa)]. This lead-, to the result

1* = (-1, -f,°) 1)

An estimate of the equivalent thickness of the
labile film obtained from the magnitude of X (ca.
0.05) and the average value of the effective”™ sphere
diameter (ca. 0.25 p) is approximately 20 A. The
presence of a surface layer of AI(OH)s would ac-
count in part for this (apparent) high value. All
data were corrected for the observed initial ex-
change using eq. 1 before attempting to evaluate
the diffusion coefficient.

The kinetics of isotope exchange between a well-
stirred fluid phase and a bed of uniform spherical
particles were treated by Berthier,s following upon
the earlier work of Wagnersand Zimens.1.o Cranku
portrays Berthier’s results in graphical form.

The procedure used to treat the present data is
described. Curves of /* vs. t2 (initially linear)
were compared to the theoretical curve (from Berth-
ier's table) of fraction exchange vs. <. at a given
value of the Berthier ratio C. Here r = D*t, D* =
D/a2 D is the diffusion coefficient and a is the
sphere radius. Values of D* (the “relative” dif-
fusion coefficient) thus obtained were compared
with similar values deduced from an alternate pro-
cedure. This involved comparison of plots of log
(1 —/*) vs. t with theoretical plots of log 1 — /%)
vs. « (linear for r >> 1). The agreement was
within the experimental uncertainty of 5-10% in
D*. There was an indication of a slight decrease in
D* as the average atom fraction deuterium in the
solid phase built up beyond about 35%. The
concentration dependence of the diffusion coefficient
was small, however. Experiments to investigate
this using low initial deuterium concentrations (ca.
20 at. % D) were less precise and somewhat incon-
clusive; the over-all magnitude of the effect is es-
timated to be less than 10%, in the diffusion coeffi-
cient over the whole concentration range available.

Experiments showed that D* was indeed inde-
pendent of the Berthier ratio C. In addition, it
was found that there was no significant dependence
of D* upon the D2 pressure over the range stud-
ied.

Table I summarizes the results :or one particu-
lar batch (I1) of boehmite.

(8) G. Berthier, J. CffM phys., 49, 527 (1952).

(9) Il. Diinwald and C. Wagner, Z. physik. Chem., B24, 53 (1934).

(10) K. Zimeius, Arkiv. Kevii, Mincralogi Geologi, 20A, No. 18, 1
(1945).

(11) J. Crank, “Mathematics of Diffusion,”
York, N. Y., 1956.

Oxford Press, New
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Fig. 1L—Temperature dependence of the relative diffusion
constant; activation energy 12.9 kcal./mole.

Fig. 2.—Exchange of D2 (g) and a-AIOOH;
ratio 11:D.

1:1 g. atom
Solid lines are calculated (see tcx:).

Table |

Temperature Dependence of the Relative Diffusion

Coefficient D*

T p Berthier 10* X D*
(°C.) (atm.) C (hr.“9

85 0.40 0.86 0.81
85 41 0.90 0.72
100 .73 1.00 1.72
100 .70 1,09 1.78
120 .75 0.83 4.00
120 .70 1.06 3.71
137 77 1.02 7.70
137 .56 1.44 8.20
151 .64 1.01 14.6
151 .86 0.84 12.S

Figure 1 shows the temperature dependence of
the relative diffusion coefficient D*(hr.“x. A
least-square line through the data yields an equa-
tion

D* = 1.7 exp (—12,900/122") )

with D* now expressed in sec.-1. The activation
energy for the diffusion coefficient is 129 + 0.8
kcal./mole. Less extensive resubs with other
batches of boehmite served to confirm this value.

Y ung-Kang We: and Richard B. Bernstein
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Using eq. 2, values of D* were calculated at tem-
peratures from 85-151° and theoretical graphs of
f* vs.illiat C = 1were plotted. Figure 2 shows the
fit of the experimental data (for those experiments
in which C was close to 1) to the calculated curves
based on diffusion in uniform spherical particles.
It is to be noted that the data could not be fitted to
the theoretical curves for diffusion through infinite
plane sheets.

It was of interest to make an estimate of the ab-
solute value of the diffusion coefficient from the D*
measurements for the different batches of boehmite.
Equivalent sphere radii based on the BET surface
areas were used. For a series of comparison experi-
ments at 137° the results were: 107z X D (cm.z
sec.“) = 1.2, 1.8 and 3.0 for batches I, Il and I,
respectively. The large range is due in part to the
unsolved problem of inhomogeneity of crystallite
size and agglomeration of crystallites to form the
large (1 n) particles.

Using these values in conjunction with the usual
equation D = Do exp(—Ed/RT), one estimates a
value of Do of the order of 2 X 10+ 10 cm.2 sec.” 1
An estimated upper limit for Do (obtained by as-
suming the equivalent sphere diameter equal to the
particle diameter) is about 5 X 10< scm.z2sec.“ 1

Experiments: with D20 1s were of a preliminary
nature and are not exactly comparable with those
described above. They were carried cut in sealed
tubes using liquid water under its saturated vapor
pressure at temperatures up to 230°. The boehm-
ite powder had not been fractionated and there-
fore contained an appreciable (but unknown) per-
centage of fine particles (the BET area was 12.2
m.2/g.). In typical experiments,: the total deu-
terium exchange (surface plus bulk exchange) was
49% after 24 hr. at 100°; at 230° in 39 hr. there was
84% exchange.

In computing the per cent, exchange of Ous it
was assumed that only one-half of the O atoms in
the AIOOH are ultimately exchangeable. The data
on the Ois content of the separate phases after ex-
change could not be reconciled without this as-
sumption.iz  Using this basis of calculation, typical
results were as follows: at 100° in 22 hr., 12% Ous
exchange; at 230° in 39 hr., 10% exchange. Even
after 27 days at 230° only 28% of the exchangeable
O atoms had undergone exchange (corresponding
to 14% of the total O atoms in the boehmite).
It is to be noted that surface exchange probably
accounts for a considerable fraction of the observed
total exchange.

A number of miscellaneous deuterium exchange
experiments were carried out using boehmite sam-
ples which contained as impurities varying amounts
of iron and silicon (up to an estimated 1% of each).
The usual rapid surface exchange occurred, but the
rate of the subsequent bulk exchange was very much
lower than in the case of pure boehmite. No quan-
titative data on the influence of impurities on the
diffusion coefficient were obtained in the present
study, however.

(12) Due to the slowness of the OBexchange (low bulk diffusion
coefficient) it was not possible to achieve equilibrium and obtain con-
clusive evidence on this point.
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Discussion

The very slow exchange of Oais relative to that of
deuterium suggests independent migration of pro-
tons (deuterons) and oxygen-bearing carriers (such
as OH-, 0=or H20) through the boehmite crystal
lattice. As might be expected, the diffusion coef-
ficient of the proton is appreciably greater than
that of any oxygen carrier.

The crystal structure of boehmite was studied
first by Reichertz and Yostiz and subsequently by
Milligan and McAtee..« One-half of the oxygen
atoms (type 1) can be assigned to Al-O-Al links
while the other half (type Il) are associated with
hydrogen bonds (Al-O-H-O-Al). It has been
suggestedis that cleavage of boehmite crystals
occurs along the sheets of hydrogen atoms in the
H-bonds to give the orthorhombic crystals. Re-
cent work by Holm, et al .. has indicated that the
O-H-0O bond is asymmetric.

It is postulated here that (1) hydrogen diffusion
occurs along the sheets of bonded hydrogens, and
(=) the observed oxygen exchange is limited to the
type Il oxygen atoms, accessible through the sheets
of hydrogen bonds.

It is of interest to compare the boehmite case
with that of ice. The conductivity and proton mo-
bility in polycrystalline ice has been measured by
Spernol..s Below —15° an activation energy of
3.9 = 0.2 kcal./mole was obtained for the mobility.

(13) P. Reichertz and W. Yost, 3. Chem. Phys., 14, 495 (194G).
(14) w. Milligan and J. McAtee, This Journa 1,60, 273 (195G).
(15) C. H. Holm, C.R. Adams and J. A. Ibcrs, ibid., 62, 992 (1958).
(1G) A. spernol, z. Elektrochem., 59, 31 (1955).
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Using the Einstein relation between the diffusion
coefficient and the mobility (v): D = (kT/e)v,
(where k is the Boltzmann constant and e is the pro-
ton charge), the activation energy for the proton
diffusion coefficient isEd = Ev + RT, which gives
a value of 4.5 kcal./mole for the case of ice. It is
not surprising that the value for Ed in boehmite is
significantly greater than this result.

Recently Kuhn and Thuerkaufiz reported meas-
urements on the O and D diffusion coefficients
in polycrystalline ice at —2°. They found these
to be the same (with a value of 1.0 X 10«10 cm.2
sec.” 1, from which they deduced that the diffusing
species in ice is the water molecule. This value for
the diffusion coefficient of water in ice is, of course,
considerably larger than that of the proton in
boehmite.

The low value of Do for proton diffusion in
boehmite implies an unusually large negative en-
tropy of activation. It would be of interest to ex-
tend this work to the study of proton diffusion in
other crystalline hydrous oxides. s

Acknowledgments.—The authors appreciate the
partial support of this research by the U. S. Atomic
Energy Commission, Division of Research (Con-
tract No. AT(11-1)-321) and the Argonne National
Laboratory (Chemistry and Metallurgy Divisions).
Special thanks are due to J. E. Draley and H. H.
Hyman of the A. N. L. for a number of valuable
discussions.

(17) W. Kuhn and M. Thuerkauf, Helv. Chim. Acta, 41, 938 (1958).

(18) In this connection it should be noted1that the proton mobility

in bayerite (/9-Al(OH)j) was found to be at least an order of magnitude
greater than that in boehmite.
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ELECTRODE POTENTIALS IN FUSED
SYSTEM. V. CELLS WITH
TRANSFERENCE

By Kurt H. Stern

Chemistry Department, University of Arkansas, Fayetteville, Arkansas
Received March 14 1958

Laity: recently has discussed fused salt concen-
tration cells with transference. In particular he
studied the cell

AglAgNCMA,), NaN03, NaN03 AgNO03X,)]Ag

Mobilities of silver and sodium ions are the same in
AgNOs=NaNO0s solutions over the entire composi-
tion range. It follows that the measured poten-
tial of the cell arises only from the difference in the
activity of the AgNOs in the two electrode com-
partments.

In the present work we treat a still simpler case:
that in which the concentrations of the ions to which
the electrodes are reversible are the same. Any
measured potential Xo can then be expressed in

(1) R. W. Laity, 3. Am. Chem. Soc., 79, 1849 (1957).

terms of events occurring in the liquid junction
alone, e.g., in terms of the difference in the mobili-
ties of the ions to which the electrodes are not re-
versible.

The cells studied are:
Cl2 (2) Cl2 | NacCl;
AgCl; KC1 |CI2

1) Cl
KC1l | Clz

|AgCl; NaCl |
and (3) Clz

Experimental

Materials.— All salts were of C.p. grade. Matheson tank
Clj was bubbled through concentrated HZ04and over an-
hydrous CaS04before passing into the cells.

Apparatus.—The cell consisted of a 15 mm. i.d. Vycor
U-tube having a graphite membrane (spectrographic carbon)
sealed into the bottom and separating the cell compartments.
The permeability of this membrane could be varied by
changing its thickness; 2-3 mm. were sufficient to prevent
diffusion for an hour or so. Separate tanrs of CI2 were
used for each compartment and the Cl2was passed over the
carbon electrodes. Other details of measurement were as
described previously.2 Cells recovered quickly after having
current passed through them, indicating that reversible po-
tentials were measured. All measurements were made
isothermally at several temperatures between 800 and 900°.

(2) K. H. Stern, ThisJourna1, 60, 679 (1956).
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Results

All the above cells showed zero potential, within
experimental error (0.5 mv.). In some runs
AgCl was added to one side or the other of cells
containing NaCl and KC1 in the two compartments.
In no case did the potential vary from zero.

Discussion

The measured potentials of the above cells can be
attributed to events at the liquid junction. If we
write the cell A2 [M'A; M"A JA:it is clear that
composition in the “junction” must change con-
tinuously from M'A to M"A. The analysis which
followss applies to this region.

Consider a system containing at any point X,
moles of M'A and 1o moles of M"A, with transfer-
ence numbers t, for M', h for M". and t\ for A, and
corresponding mobilities 7> me and u\. At any
point the conductance is proportional to u,x, +
7lor, + u\. Then

<l = uixizZ(uixl + ux2+ Ma)

and

The material flux per faraday at any point is
iiM'+ tM" - iIAMA= /M'A + &M"A - A

The last term is independent of the position in the
cell and may be combined with the electrode proc-

ess. In these cells they cancel exactly, so
—(5/RT)<\E = hdlIna, + t?d Ina? 1)
where at = <m'«a and a2 = om'™a- Hence, using

the Gibbs-Duhem equation:

-(5/RT)dE = UX 1la'+ WxdIna _

UiX, + WX -(- Ma
(mi — M)aid In a,

ulxl+ M2X2 + Ma nt

dE = 0if M —me = 0, as Laity: has found for the
nitrates. The liquid junction potential, i.e., the
potential of our cells, is also zero if

/’B (mi —u*)x, dInai _ Q

where the integration is carried out over the whole
range of composition. It might be assumed that
(ui — u2 is positive for some ranges of composition
and negative for others, the whole integral being
zero, but this possibility appears very unlikely in
view of some recent measurements by Murgulesco
and Marchidans on the concentration cell with lig-
uid junction in which the mole fraction of AgCl in

Ag |AgCIl B AgCI, KC1 |Ag

the right-hand compartment was varied from o.1 to
0.8. They report that the diffusion potential is
zero within experimental error (- 1 mv.) in the sys-
tem over this concentration range, as Laity had
found for the nitrates. On the basis of this evi-
dence it is reasonable to conclude that the integral
(3) is zero because u, — w. = 0. It seems likely
that this explanation is valid for the AgCI-NacCl
and KCI-NaCl systems also.

Acknowledgment—1 wish to thank Dr. G.

(3) G. Scatchard, personal communication.
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Scatchard for his derivation of equation 2 and Drs.
F. R. Duke and R. W. Laity for some stimulating
discussions.

VISCOSITY OF AQUEOUS SODIUM
PERCHLORATE SOLUTIONS

By E. R. Nightingale, Jp,

Department of Chemistry, University of Nebraska, Lincoln 8, Nebraska
Received July 17, 1958

Accurate viscosity data for dilute aqueous so-
dium perchlorate solutions are not available in the
literature.1 In conjunction with diffusion studies
being conducted in these laboratories, the viscosi-
ties of sodium perchlorate solutions at 25° have
been measured in the concentration range o.001 to
2 M. These results are reported here.

Experimental

To purify reagent grade sodium perchlorate sufficient
sodium hydroxide was added to a 6 M sodium perch.orate
solution to give pH 10. After standing 24 hours, the solu-
tion was filtered through a fine porous glass funnel to re-
move the insoluble heavy metal hydroxides. The solution
was acidified to pH 6 with perchloric acid and then boiled
to concentrate the solution. Upon incipient precipitation
of the anhydrous sodium perchlorate, the solution was
cooled to 55° and filtered rapidly through a heated porous
glass funnel. Care must be exercised not to cool the solu-
tion below about 55° and thus permit the crystallization
of the monohydratc. The anhydrous sodium perchlorate
was removed from the funnel and dried at 110° for 4 hours.

The sodium perchlorate solutions were prepared by di-
luting weighed quantities of the purified salt to volume.
The densities of the solutions were measured at 25.0 + 0.1°
using 25-ml. specific gravity bottles, and the densities are
precise to 0.0001 g./ml.

The viscosities of the solutions were measured at 25.00
+ 0.01° using an Ostwald viscometer with a flow time of
170 seconds for water. Flow times were measured to 0.02
sec. with a stopwatch. The average deviation for five to
eight measurements of a single sample did not exceed +0.05
sec. The average flow times for replicate samples of a
single solution agreed within +£0.04 sec. The viscometer
was calibrated with water, benzene and 20% and 30%
sucrose solutions by means of equation 1

v/p = Kt - L/t 1)
where r, is the absolute viscosity, pis the density, and tis the
flow time of the calibrating solution. The characteristic
viscometer constants K and L were 0.00005291 and 0 0011,
respectively. The absolute viscosities of water, benzene
and the sucrose solutions were taken as 0.008903,20.006010,3
and 0.01701 and 0.027414 poise, respectively; the densities
of the solutions were taken as 0.99707,6 0.87370,3 and
1.07940 and 1.1251749g./m1l., respectively.

Results and Discussion

The viscosities of the sodium perchlorate solu-
tions were computed by means of equation 1. The
relative and absolute viscosities for ten solutions in
the concentration range 0.001 to 2 M are presented
in Table I. The values for the 1and 2 M solutions
compare well with those reported fer concentrated
solutions by Miller and Doran.s The data have

(1) R. Reyner, Z physik. Chem., 2, 744 (1888).

(2) J. R. Coe and T. B. Godfrey, J. Applied Phys., 15, G25 '1944).

(3) American Petroleum Institute Research Project 44, “Selected
Values of Physical and Thermodynamic Properties of Hydrocarbons
and Related Compounds,” Carnegie Press, Pittsburgh, 1957, tables
21a, 21c.

(4) E. C. Bingham and R. F. Jackson, Nat. Bur. Standards 'U.S.),
Tech. News Bull., 14, 59 (1918).

(5) N. E. Dorsey, “Properties of Ordinary Water-Substance,”

4) I. G. Margulesco and D. I. Marchidan, Rev. Chim., Acad, de la Reinhold Publ. Corp., New York, N. Y., 1940, p. 201.

Repub. Populaire Roumaine, 111, No. 1 (1958).

(6) M. L. Miller and M. Doran, This Journa1, 60, 186 (1956).
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Table |

Relative and Absolute Viscosities of Aqueous Sodium

Perchlorate Solutions at 25°

0.0008987 1.0002 0.008905
.004499 1.0005 .008907
.01000 1.0009 .008911
.01600 1.0012 .008914
.03600 10021 .008922
.06054 1.0029 .008929
.1000 1.0038 .008937
.3948 10101 .009003

1.0008 1.049 .009339

1.9975 1.150 .01024

aanalyzed using the Jones- Dole7 equal ion

VM= 1+ AVO + BC (2)

where 771170 is the viscosity of the salt solution rela-
tive to that of the solvent, water, C is the molar
concentration, and A and B are constants charac-
teristic of the electrolyte. The A-coefficient repre-
sents the contribution from interionic electrostatic
forces and was first derived by Falkenhngen and
Vernon.s The //-coefficient appears to represent
the contribution of the co-spheres of the ions, 910
although no satisfactory theoretical treatment has
yet been given. This constant is a specific and
approximately additive property of the ions of a
strong electrolyte at a given temperature.n Re-

arranging equation 2 and plotting (172170 — 1)/y/C

vs. y/C, the A-coefficient is the ordinate intercept,
and the //-coefficient is given by the slope of the re-
sulting straight line. The experimental value for
the A-coefficient of 6.5 X 10-3 compares well with
the theoretical value of 6.4 X 10-3. The experi-
mental value for the //-coefficient is observed to be
+0.03 for sodium perchlorate at 25°. Taking the
value for the //-coefficient, for the sodium ion to be
+ 0.086,910wc calculate —o.050 as the magnitude
of the //-coefficient for the perchlorate ion at this
temperature.

Recently, Gurney (ref. 9) has discussed the rela-
tion between the viscosity //-coefficient for individ-
ual ions and the partial molar ionic entropy. This
relation has been the basis for his selection of —5.5
e.u. as the absolute partial molar entropy of the hy-
drogen ion at 25°.22 In a separate study to be de-
scribed in another paper, s it will be demonstrated
that a self-consistent set of radii for hydrated ions
can correlate all the features of the viscosity B-
cocfficient/ionic entropy relations. In addition, if
allowance is made for the configurational contribu-
tions to the ionic entropy (e.g., rotational entropy),
the absolute partial molar ionic entropy can be
shown to be a single linear function of the viscosity
ionic //-coefficient. Using these relations, the ZZ
coefficient for the perchlorate ion has been estimated

(7) G. Jones and M. Dole, 3. Am. Chem. Soc.. 51, 2950 (1929).

(8) H. Falkenhagen and E. L. Vernon, Physik. Z.. 33, 140 (1932).

(9) R. W. Gurney, “lonic Process in Solution,” McGraw-Hill
Book Co., Inc., New York, N. Y., 1953, p. 160 ff.

(10) M. Kaminsky, Z. Naturforsch., 12a, 424 (1957).

(11) W. M. Cox and J. H. Wolfenden, Proc. Roy. Soc. {London),
A145, 475 (1934).

(12) K. H. Laidler, Can. J. Chem., 34, 1107 (1956).
(13) E. r. Nightingale, Jr., to be published.
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to lie —0.05, and this compares favorably with the
value of —0.050 reported in this study. By virtue
of its minimum solvation, the hydrated perchlorate
ion is sufficiently small to loosen or disrupt locally
the pseudo-tetrahedral structure of the water in the
co-sphere about the ion and hence decrease the vis-
cosity of the solvent about thision. Such behavior
is commonly observed only in water, and only for
the few ionic species whose effective hydrated radii
are minimal.

Acknowledgment.—The assistance of Mr. H. D.
Russell in measuring some of the densities of the
sodium perchlorate solutions is acknowledged.

THE VIRIAL TREATMENT OF THE
INTERACTION OF GAS MOLECULES
WITH SOLID SURFACES:

By Robert S. Hansen

Institute for Atomic Research and Department of Chemistry, lowa State
College, Ames, lowa

Received July 31, 1958

The virial treatment of gas-solid interactions
developed by Halsey and co-workersz-s was ex-
tended to interaction potentials based on the Leo-
nard-,Tones s-12 potential for intermolecular at-
traction, which is known to give a better representa-
tion of gas second virial coefficients than does the
rigid sphere model used by Halsey and co-work-
erss7 Independently, this problem also has been
attacked by DeMarcus, Hopper and Allens and by
Freeman.s This paper will therefore be limited to
conclusions other than those reached by these
workers.

The second virial coefficient for gas-solid inter-
action, including correction for quantum effectrs
is given by

i(x) /KT

Ndr —
ft (T-0 -dJ>" )
a .

24m;21'55 0 O eW/kT dad

where t(x) is the potential energy of a gas molecule
at a distance x from the solid, taken as a semi-infi-
nite slab. The molecular 6-12 potential has been
taken in the form suggested by Hirschfelder, Cur-
tiss and Birdr to facilitate use of their tabular pa-

rameter data

(1)

*) — [ -0
where <(r) is the interaction potential energy of two

(1) Work was performed in the Ames Laboratoiy of the Atomic
Energy Commission.

(2) W. A. Steele and G. 1). Halsey, Jr., J. Chem. Phys., 22, 979
(1954) .

(3) W. A. Steele and G. D. Halsey, Jr., Tnis
(1955) .

(4) M. P. Freeman and G. D. Halsey, Jr., ibid.,, 59, 181 (1955).

(5) G. Constabaris and G. 1). llalsey, Jr., J. Chem,. Phys., 27, 1433
(1957).

(6) R. Il. Fowler and E. A. Guggenheim, “Statistical Thermo-
dynamics,” The University Press, Cambricge, 1949.

(7) J. O. Hirschfelder, C. F. Curtiss and R. B. Bird, “Molecular
Theory of Gases and Liquids,” John Wiley and Sons, Inc., New York,
N. Y., 1954.

(8) W. G. DeMarcus, E. Il. Hopper anc. A. M. Allen, A.E.C. Bul-
letin K1222 (1955).

(9) M. P. Freeman, T nis Journal s2, 723 (1958

Journa 1, 59, 57
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molecules (in this case, one in the gas, one a mole-
cule of the solid). By integrating this expression
over all molecules in the semi-infinite solid, we ob-
tain, where p is the number of molecules per unit
volume in the solid

#09 ®

If this potential is substituted in eq. 1, it is possible
to perform the indicated integrations to obtain
convergent power series expressions for the second

virial coefficient. These are
Lim (M - V)= el\a®) - £0ml @
here

© p2n/3 ~ /3 n -

"W. (éyV'{zo M \ 9 )
‘T G dM A) (4b)

(4a)

with
_ To _ t 5«2 28.1
T KT \3/ \2/ 12mok ~ ilwW
M = ~noi = molecular weight of the gas, aa =

108j = <in ingstrom units.

Results of DeMarcus, et al.,s and Freeman9are in
a somewhat different form because different forms
of the 3-9 potential eq. 3 were used; their parame-
ters and quantities compare with those in the pres-
ent work as
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N (DeMarcus, et al.) — ~ (Freeman) =

p = 0.3849 p

20 (DeMarcus, el al.) = S (Freeman) = fJZg\)/«a

—I\ (DeMarcus, el al.) = (Freeman) =

h (DeMarcus, et al.) =

Asymptotic equations for (?(p) and /?2(p) can be
based on the fact that, if f(x) has a strong maxi-
mum at n0

Jo g(z) exp j/ (i) 1dx ~ g(xQ exp {f(xill
\/TA m

[-» eXp /V(Ix2 © 2 4m ©)
which leads to
6
P avg 6
3t)'/
E 3AT p'/t exp (6b)
(m Id |

valid for large p.

The series 4a and 4b are slowly convergent; the
following empirical analytical forms were therefore
developed for convenient representation

| 120
log G(p) = 0.1671m- Qog m - 0.175G + - % 0.003
for 16 < m< 30 (7a)
0.377 £ 0.002 for 8.2 < p< 174
(7b)

G = 0421 (m- 2.029) + 3.94 X 10~Am- 2.029)2

log G(p) = 0.1470m -

+ 9.9 X 10qm- 2.029)3+ 0.01,2< p< 65 (7¢)
log R(p) = 0.1671m+ glogp -
0420
0.1721 + M + 0.001, 12< m< 26 (8a)
log R(p) = 0.1294 + 0.1981lm- 6.76 X 10~4n2+ 0.001,
1< m< 14 (8b)

The first three terms on the right in equations 7a
and sa derive in each case from the asymptotic ex-
pressions (sa) and (sb); the terms in 1/p are em-
pirical corrections. Equations 7a and sa have
been tested to the upper limits indicated, but may
be expected to apply reasonably well above these
limits. Figure 1 compares calculations of the pres-
ent work, those of DeMarcus, el al., and those of
Freeman in difference plots against eq. 7a, 7b, 7c,
permitting accurate corrections to these empirical
equations if desired.

Equation b is particularly useful in the evalua-
tion of parameters; many of the data of Halsey
and co-workers is in the range covered by this
formula, so that the slope of the linear portion of
a plot of log Lim (NkT/P — V) against I/T di-

vided by 0.1470 gives the ratio of pto T, i.e., TO =
(10/3),/*X ire°pas/k.

Omission of the quantum correction (term in
7?(p)) causes little error in the surface area calcu-
lated by this treatment; the correction in Lim

p—o
(NKT/P — V) amounts to 7% for the system He-
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carbon”blackz at 78°K. and 3% for the same system
at 194°K. The deviations due to quantum effects
should, however, be observable.

Data represented by equation 4, omitting the
term in R(R), inthe range s < B < 17 will be almost
equally well represented by the treatment of Steele
and Halsey based on a rigid sphere — inverse rs po-
tential model, relevant parameters corresponding
as follows: e*/k (Steele and Halsey) = 0.422TO0;
(ADo) (Steele and Halsey) = 1.695 {Aa). The
range of agreement can be extended toward lower
values of R by choosing different geometric volumes
in the two treatments. Accurate high tempera-
ture data will resolve between the two models since
the model based on the s-12 potential leads to zeros
in I[_)irr; (NKT/P — V) atR = 2.029 and atR = 0

with an intervening minimum at B = 0.166 (G-
(0.166) = —0.545), while the model of Steele and
Halsey leads to a single zero at 8 = 3.4 and a mono-
tone decrease to —ADoat R = 0.

Treatments of gas imperfections due to gas-solid
interactions based on eq. 4 or on the model of
Steele and Halsey determine the products Aa or
AD, and evaluation of the surface area A requires
the independent evaluation of the parameters a or
D. Previous workersz2-5'9 have estimated these
parameters from the Kirkwood-Mueller formula for
intermolecular forces; Steele and Halsey2 comment
on the low values thus obtained. It is also reason-
able to calculate the parameters a and €° from the
“combining laws” cited by Hirschfelder, Curtiss
and Bird (ref. 7, pp. 168-9), i.e., a2 = 1/2(on +
022), €z = (e°iied'/!. The values of thus cal-
culated are higher than those obtained by the Kirk-
wood-Mueller formula, and the surface areas com-
puted by their use are lower. For the carbon black
“Black Pearls 71" studied by Steele and Halsey,
surface areas obtained by them using Ne and A
were 367 and 262 m.z2/g. compared to a B.E.T. ni-
trogen surface area of 337 m.2/g. Results obtained
using eq. 4 and the “combining law” evaluation of
amwere 151 and 160 m.2/g. for Ne and A, respec-
tively. Freemansreports an argon area of 162 m.2
g. for this adsorbent using the Kirkwood-Mueller
formula and a treatment with the same basis as
eq. 4 but using different data. Surface areas com-
puted from gas imperfection data appear to be gen-
erally less than those evaluated by the B.E.T.
method for the same adsorbent.

A film on the surface of the adsorbent whose
thickness is of the order a (i.e., molecular dimen-
sions) should have an important effect on gas im-
perfections due to gas-solid interaction. Suppose
there is a film of thickness A on the surface of the
semi-infinite slab which serves as a model for the
solid adsorbent. Let ef and o7 be the parameters
of eq. 2 corresponding to the film material, and
let pf be the number of molecules per unit volume
in the film. Then the analog of eq. 3 becomes

, N 27re*fpf<rf3 \ { cri\8

= N {x)

2 (0oT\9
15 \ x ) ~
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Now at least at sufficiently low temperature the
asymptotic evaluation of first integral in eq. 1 indi-
cates that In Lim (NkT/P) — V must vary lin-

early with 1/T, and the slope must be —(e(x0)/k),
where xo is the value of x at which e(x) has a mini-
mum. Evidently if A~ <for A > at e(xo) will de-
pend importantly on A, pf, €, and at, i.e., on param-
eters of the film. The presence of such a film on car-
bon surfaces is to be strongly suspected from the
work of Anderson and Emmettio unless rigorous
outgassing procedures have been followed.

Acknowledgment.—1 am indebted to Dr. Mark
P. Freeman for calling my attention to the work of
DeMarcus, Hopper and Allen, for furnishing me
a copy of his own paper on this subject in advance
of publication, and for stimulating oral and written
discussion.

(10)
(1947).

R. B. Anderson and P. H. Emmett, 1 nis

A METHOD FOR THE CALCULATION OF
BOND MOMENTS FROM ELECTRONEGA-
TIVITY DATA:

By Ricardo i Carvalho Ferreira

Escola Superior de Quimica, University of Recife, Brazil
Received November 10, 1958

The purpose of this note is to describe a method
for the calculation of the polarity of simple bonds
based on the principle of electronegativity equali-
zation of Sanderson.2  We will show that this prin-
ciple is completely general and may be applied for
the determination of the charge distribution in
simple molecules.

Sanderson’s principle may be derived as follows:
let us suppose that the electronegativity of a cer-
tain atom A is greater than the electronegativity of
another atom B, Z a(0) > X B(0). If these atoms
combine to form a molecule AB, then after the
sharing of one electron-pair, A will acquire a partial
negative charge and B will acquire a partial positive
one. The electronegativity of A will thus decrease
and that of B will increase until the charge distri-
bution in the molecule AB is such that A-s and B +
have the same electronegativity.

At this point it will be interesting to examine the
meaning of the concept of electronegativity in the
light of Sanderson’s principle. Electronegativity
as defined by Pauling,s Mulliken,s Gordys and oth-
ers,e7 has the dimensions of energy. However,
chemists have always used the concept of electro-
negativity as a characteristic atomic ‘potential:
the power of an atom in a molecule to attract elec-
trons to itselfs Now, this is precisely what is
borne out by the principle of electronegativity

(1) This work has been supported by the Conselho Nacional de
Pesquisas, Rio de Janeiro.

(2) R. T. Sanderson, Science, 114, 670 (1951).

(3) L. Pauling, 3. Am. Chem. Soc., 54, 3570 (1932).

(4) R. S. Mulliken, 5. Chem. Phys., 2 782 fl934).

(5) W. Gordy, Phys. Rev., 69, 604 (1946).

(6) T. L. Cottrell and L. E. Sutton, Proc. Roy. Soc. {London), A207,
49 (1951).

(7) 11. O. Pritchard and H. A. Skinner, Chem. Revs., 55, 745 (1955).

(8) L. Pauling, “The Nature of the Chemical Bond,” Cornell
University Press, Ithaca, N. Y.t 1939, p. 58.

Journa v, 51, 1308
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equalization: the electronegativities (potentials)
of two atoms are equalized during the formation of
a chemical bond.

The electronegativity X of an atom is a function
of the net atomic charge g Developing X(q) in
powers of g and disregarding higher terms

X(q) = X(0) + q(dX/dq)(0) (€]

Thus, as a first approximation we may suppose
that there is a linear relationship between electro-
negativity and charge. Paulings Haissinsky,s
and Daudel and Daudelwo have shown how to calcu-
late (dX/dr/) from the electronegativity scale. These
authors admitted that the screening constant of one
valence electron for another is independent of their
electronic wave functions. A more accurate treat-
ment is as follows:

When one goes from an element of atomic num-
ber Z to the next one, (Z + 1), the effective nuclear
charge increases by 1 — Sk where Xis the screening
constant of the differentiating electron of the ele-
ment (Z + 1). When the element Z loses one va-
lence electron the effective nuclear charge increases
by s, the screening constant of the lost electron,
lienee the increase in the electronegativity of an
atom B caused by a positive unitary charge result-
ing from the complete removal of the i electron of
atom B is

AXA = i- S— (Xzm - X2) 2)
Similarly the decrease in the electronegativity of an
atom A caused by a unitary negative charge re-
sulting from the complete acceptance of thej elec-
tron by atom A is given by

AXj+= . Sh(Xz - Xz_) (©)]
where s, and Share, respectively, the screening con-
stants of the differentiating electrons of elements

(Zz+ 1)and Z. From equation 1
n
Xa(-—nqg) = XA0) - ? £ aX> (4)
j=1
and
m
Xb(+ @3 = Xb0) + £ (XV (5)

i=1
In these equations n and m are the oxidation num-
bers of atoms A and B, and qis the fractional charge
(in electronic units) the atoms will acquire when
their oxidation numbers are, respectively, — 1 and
+ 1. From the principle of electronegativity
equalization it follows that

XA0) - XB0)

1 n n

£ Axr + £

3= 1 i=1

axv

It is seen that in principle it is possible to calcu-
late the charge distribution of simple molecules
from electronegativity data. However, a difficulty
arises in the choice of suitable screening constants.
The screening constant of one valence electron for
another varies with the electronic wave function
and with the atomic number. Besides, it is well

(9) M. Haissinsky, J. Phys., 7, 7 (1946).
(10) P. Daudel and R. Daudel, ibid., 7, 12 (1946).
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known that different screening constants must be
used for different properties (ionic size, ionization
potential, electron-affinity, etc.).u In fact, Har-
treewz recently proposed the use of the term screen-
ing ‘parameter instead of screening constant because
the quantity s is not constant for variations of any
of the variables of which it might be considered a
function.

Screening constants for electronegativities are
not known. However, if we use Mulliken's defini-
tion, X = | + E, and since the ionization potential
(/) is generally much greater than the electron-af-
finity (E), we may use the ionization potential
screening constants calculated by Kohlrauschas
without introducing very serious errors.

We have followed this procedure for the calcu-
lation of the charge distribution of the hydrogen
halides, using the corrected electronegativity values
of Mulliken’s scale as given by Pritchard and
Skinner.z Applying equations 2 and 3 we obtained
the values: AXH+ = 2.62; AXF_ = 2.40; AXcT
= 1.02; AArBr- = 2.39; AXi" = 2.42.

Table I shows the values of qobtained from equa-
tion s and the values of the dipole moments (pealed)
obtained by multiplying the charge q by the ex-
perimental interatomic distances H-X. This is
strictly correct only if the pure covalent function
4'h - x describes a state of zero dipole moment. 14
For the molecules HX the theoretical calculations
are contradictory,s16 and our values are in good
agreement with the experimental values of the di-
pole moments7-19 shown in the second column of
Table I.

Table |
Com- (electronic-) MeiDd Medled
pound units D D
HF 0.32 1.91 1.39
HC1 .16 1.03 1.01
HBr .10 0.78 0.68
i .05 0.38 0.38
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G. Beck and Dr. J. Danon for valuable discussions.
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(15) D. Z. Robinson, J. Chem. Phys., 17, 1022 (1949).

(10) P. N. Rehatz, ibid., 22, 095 (1954).

(17) C. T. Zahn, Phys. Rev., 27, 455 (1920).

(18) R. P. Bell and T. E. Coop, Trans. Faraday Soc., 34, 1209
(1938).
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BOILING POINTS OF NORMAL

PERFLUOROALKANES
By William Postelnek
Materials Laboratory. Wright Air Development Center, United
States Air Force, Wright-Patterson Air Force Base, Ohio

Received August 28, 1958

Previously, no simple equations have been pro-
posed which relate the number of carbon atoms of
fluorocarbons to then’ boiling points. However,
many empirical relationships have been proposed
for calculation of boiling points of normal hydro-
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Table |
Boiling Points of Normal Perflitoroalkanes (T = °K.)
No. of No. of
carbon carbon
atoms atoms
(n) Formula T(obsd.) T(calcd.) (n) Formula T(obsd.) 1Tealcd.)
1 cf4 1452 142 8 CH1B 377u
2 c2fF6 1943 194.2 380'1 379.6
3 c3r8 234" 9 CFD 395.5-6.513
2375 237.2 398.35
4 C& jo 271.36 4001 400
2744 273.4 10 cOF 2 417.25 418.8
2777 4231
5 c5 1R 303.1s 304.8 11 ChF2 433.S16 436.2
6 ctr4 3299 12 CiF®» 452.4
330’ 13 CIF® 466-911 467.6
3311 14 CIFD 481.8
3332 333.2 15 CHEFd 495.3
7 cTlg 35512 16 cI6r 3t 511-13k 508
355.514 357.2
carbons. Notable among these is that of Egloff, equation can be said to be in the order of +3.5°.

Sherman and Dull 1 who observed this relationship
to exist (equation 1)
T mw=alog(n —6) + k 1)

where T is the boiling point in degrees Kelvin, n is
the number of carbon atoms in a hydrocarbon mole-
cule and a, b and k are empirical constants. Equa-
tion 2 was derived from evaluation of the observed
boiling points of normal alkanes and subsequent
curve-fitting.1

T = 74542 log (n + 4.4) - 416.31 (2)

By application of equation 1 to the observed
boiling points of normal perfluoroalkanes, and by
curve-fitting according to the method of least
squares, the constants a, b and k were evaluated to
give the proposed equation 3

T = 540.87 log (n + 3) - 183.67 (3)

Boiling points were calculated for normal perfluoro-
carbons from CF4to C~F” using equation 3.
Calculated boiling points are compared with ob-
served boiling points in Table I. Since an ap-
preciable variation exists in boiling points reported
for the same compound by different investigators,
it isnot possible to effectively assess the accuracy of
equation 3 at this time, and the accuracy of this

(1) G. Egloff, J. Sherman and R. E. Dull, T his Journar, 44, 730
{1940).

(2) J. D. Calfee and !..
(1937).

(3) O. Ruff and O. Bretschneider, Z. anorg. allgem. Chem., 210,
173 (1933).

(4) R. N. llaszeldine, J. Chem. Soc. 3559 (1953).

(5) P. Lebeau and A. Damiens, Conipt, rend., 191, 939 (1930).

(6) R. D. Fowler, J. M. Hamilton, et al., Ind. Eng. Chem., 39, 375
(1947).

(7) J. H. Simons and L. P. Block, ./. Am. Chem. Soc., 59, 1407
(1937).

(8) L. L. Burger and G. TI. Cady, ib:d., 73, 4243 (1951).

(9) M. Jlauptschein and A. V. Grosse, ibid., 74, 4454 (1952).

(10) R. N. ilaszeldine and E. G. Walaschewski, Chem. Soc.,
3G07 (1953).

(11) A. F. Benning and J. D. Park, U. S. Patent 2,490,704 (1949).

(12) J. IT. Simons and L. P. Block J. Am. Chem. Soc., 61, 2902
(1939).

(13) M. Stacey, Roy. Inst. Chem. G'. Brit, and Ireland, 1 (1948).

(14) G. D. Oliver, S. Blumkin and C. W. Cunningham, J. Am. Chem.
Soc., 73, 5722 (1951).

(15) R. N. ilaszeldine, J. Chem. Soc., 3017 (1950).

(16) W. B. Burford, R. D. Fowler, et al., Ind. Eng. Chem., 39, 319
(1947).

A. Bigelow, J. Am. Chem. Soc.. 59, 2072

However, good agreement is noted to exist between
the calculated boiling point and at least one of the
observed boiling points in most of the cases stud-
ied. The chief reason for the variation in the ob-
served boiling points as reported for a given fluoro-
carbon probably can be attributed to isomerization
which might have occurred during the fluorination
process to give branched compounds which were
not detectable by analytical means available during
the early periods of fluorocarbon research. The 3
degree anomaly for the first member of the series
was not unexpected, since Egloff observed an 18
degree difference between the observed and calcu-
lated boiling point of methane.

The boiling points for n-Ci2F8 n-CisF3) and n-
CisFs2 which have not been reported at this time
are predicted to be 452.4, 481.8 and 495.3°K.,
respectively.

DIPOLE MOMENTS OF SOME AMINE
EXTRACTANTS IN BENZENE

By W. J. McDowell and Kenneth A. Allen

Oak Ridge National Laboratory, Oak Ridge, Tennesseel
Received August 29, 1958

Previous studies of the long chain amines in lig-
uid-liquid extraction systems have shown that the
sulfate and bisulfate salts of these extractants do
not behave as would be expected for monomeric
solutes.2 Recent light scattering measurementss
have shown, indeed, that the sulfates of most of
the amines investigated are aggregated, but to
widely varying degrees, depending on chain
branching and class. In the present investigation,
the dielectric behavior of these solutes was exam-
ined as a further means of elucidating their struc-
tures.

Experimental
Capacitance measurements were made in the range 15 Kc.

(1) Operated for the U. S. Atomic Energy Commission by Union
Carbide Nuclear Company.

(2) Iv. A Allen, T his Journar, 60,239, 943 (1950): W. J. McDowell
and C. F. Baes, Jr., ibid., 62, 777 T958): K. A. Allen, J. Am. Chem.
Soc., 80, 4133 (1958).

(3) K. A. Allen, T his Journar, 62, 1119 (1958).
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Fig. 1.—Dielectric constant cell: the Teflon block (1)
supports the gold-plated brass electrodes (2,3) by means of
the central bolt and six peripheral bolts of stainless steel.
The glass fittings (4) were press-fitted into Teflon plugs.
The annular space (5) between the electrodes was 0.020".

Fig. 2.—Dielectric constants of benzene solutions of
amines: (X) I-(3-ethylpentyl)-4-ethyloctylamine; (2) di-
ra-decylamine; (3) tri-ri-octylamine.

to 5 Me. using a General Radio capacitance bridge (Type
716-CS1) and signal generator (Type 1330A). Sensitive
radio receivers of the appropriate frequency coverage were
employed as null detectors. The cell for the solution
samples is shown in Fig. 1. This cell allowed the use of
small volumes (ca. 30 ini.) and provided for easy and thor-
ough cleaning while in a fixed position in the constant tem-
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perature bath. Its capacitance with air was ca. 300 nmi-i
the measurements were made to within 0.05 nml The
capacitance of the cell was temperature dependent; how-
ever, thermostatting at 25.00 + 0.01° proved to be suffi-
ciently close temperature control to make thermal fluctua-
tions in the capacitance immeasurably small. The dielec-
tric constant € was computed from the relation

where the subscripts refer to the « and C (capacitance)
values with dry air, a, cyclohexane, s, and solution, X, in
the cell.4

For the measurements at frequencies higher than 5 Me. a
Boonton Type 170-A “Q” meter having a frequency range
of from 30 to 200 Me. was used. A small sample cell con-
taining two parallel plates was attached directly to the bind-
ing posts used for measuring small (ca. 1.5 to 2.5 nml) un-
known capacitances. The differences in the capacities of
the cell with air, standard and solution were obtained on
maximizing the LC current in the meter circuit by appro-
priate adjustments of the built-in precision condenser.
These measurements were, of course, much less accurate
than those obtained at lower frequencies; however, they
were reproducible to within 1%, and the conclusions drawn
below with respect to anomalous frequency dispersion are
considered quite reasonable.

The amines are characterized in Table I. The dry
amine solutions were dehydrated over metallic sodium.
Sulfate salts of the amines were prepared by contacting ben-
zene solutions of the amines with aqueous sulfuric acid solu-
tions. As a consequence, the amine sulfate solutions pre-
pared in this way contained equilibrium concentrations of
water: that soluble in the benzene at 25° (ca. 0.5 mg./ml.)6
plus that associated with the extractant species, presumably
as water of hydration. While the presence of such water
lessens the validity of comparing the present results with
thos§ of others who used anhydrous materials (e.g., C. A.
Kraus9), it was of importance to observe the dielectric be-
havior of the actual extractant systems, such as those for
which the aggregation behavior had already been obtained
from light scattering measurements.3 For comparison,
measurements also were made on a nearly anhydrous prepa-
ration of di-n-decylamine sulfate, one of the solutes of
greatest previous theoretical interest.23 Tie dry di-»-dec-
ylamine sulfate was prepared by evaporating the solvent
benzene and removing water from the salt by evacuation.
The dry salt then was dissolved in dried benzene (the dried
benzene averaged ca. 0.06 mg. 11.O/ml.). The analytical
methods for the organic amine, sulfate and water determina-
tions have been described elsewhere.2

Tabre |

Amine Composition and Purity

--------- Composition, % -—-—- "
Neutr. equil. Pri- Second- Terti-
Amine Found Theor. mary ary ary
I-(3-Ethyl- 255 255 >99 <0.5 <0.5
pentyl)-4-ethyloctyl
Di-ra-decyl 300 208 <0.5 98 2
Tri-ii-octyl 354 354 <0.5 <0.5 >99

Results and Discussion

Dielectric constant measurements as a function
of frequency on 0.05 to 0.10 M benzene solutions of
di-n-decylamine sulfate over the range 15 Kc. to 195
Me. did not show a dielectric dispersion in this
region which was detectable with the available

(4) The use of the equation above with a standard liquid dielectric
and a permanently-fixed arrangement of electrical components elimi-
nates the effects of lead capacitances. Cyclohexane was chosen as a
standard dielectric rather than the commonly used benzene princi-
pally because it is much more easily dried and maintained free of water
than benzene. The value es = 2.0173 for cyclohexane at 25° was
taken from the work of L. Hartshaw, J. V. L. Parry and L. Essen,
Proc. Phys. Soc. (London), 68B, 422 (1955). The value «a = 1.006
was taken from R. J. W. LeFevre “Dipole Moments,” Methuen and
Co., London, 1948.

(5) G. G. Joris and H. S. Taylor, J. Chem. Phys., 16, 45 (1948).
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equipment. According to calculations by the
Debye equation, from the molecular weight found
by light scattering measurements (ca 30,000) for
di-n-decylamine sulfate in benzene,s a dispersion
should occur at around 40 Me. if this entire particle
is acting as a single dipole.s The fact that no such
dispersion is observed suggests that the bonding in
the aggregate is not of such a nature as to prevent
the orientation of the monomers in the electric
field. Thus, it is probable that the bonds holding
the aggregate together are quite weak, possibly
not more than a few kcal./mole. Since di-n-decyl-
amine sulfate exhibits the largest particle size of
any of the amine sulfates examined by light scatter-
ing methods, the absence of a dispersion for this
solute made it unlikely that such dispersions would
be observed for the other amine sulfates. Conse-
quently, further study was restricted to measure-
ments of the dielectric constants of the solutions as
functions of concentration, at a fixed frequency of
1 Me., for which optimum accuracy was obtainable
from the electronic equipment.

The dielectric constants of benzene solutions of
the various amines and their sulfate salts as func-
tions of concentration are shown in Figs. 2, 3 and 4.
Apparent dipole moments calculated by the
method of Guggenheimz may be seen in Table II.
In the two cases where two values of the moment
are shown, the first was computed from a high slope
of the f vs. M line observed a: low concentrations
(<0.010 M for I-(3-ethylpentyl)-4-ethyloctylamine
and <0.0015 M for dry di-n-decylamine sulfate).
The second value of nresulted from the slopes above
the fairly abrupt transition between the two de-
pendences (see Fig. 5; the “limiting” slopes for
these second values were obtained from the points
above the transition, ignoring the points used for
the first values), and is representative of a much
wider concentration range, as is apparent from the
figures.

In addition to the changes of slope at low con-
centrations, it will be noticed that several of the e
vs. M plots show a pronounced curvature at higher
concentrations. Hooper and Krauss found such

(6) The validity of the Debye-Stokes equation rd = Aira™/kT,
for the relaxation time rd in terms of a, the molecular diameter and
7, the viscosity of the medium (P. Debye, ‘ Polar Molecules," Rcinhold
Publ. Corp., New York, N. Y., 1929), and particularly its application
to molecular weight determinations, has been questioned by some
authors (see e.g., R. E. Powell and H. Eyring in “Advances in Colloid
Science," E. O. Kraemer, editor, Interscience Publishers Inc., New
York, N. Y., 1942, Vol. I, pp. 213-223). However, it is probably
good to within a factor of two, and since bhe measurements extended
to ca. 200 Me., and since in addition the dielectric constants appeared
to increase slightly at the higher frequencies rather than decrease,
it was considered reasonable to assume the absence of a detectable
dispersion in the predicted frequency range.

(7) In the Guggenheim method of calculating dipole moments
(E. A. Guggenheim, Trans. Faraday Soc., 45, 714 (1949)), the quantity
A = (¢ —nd — (a — m2, where e = dielectric constant of solution,
n = refractive index of solution, ei = dielectric constant of solvent
and m = refractive index of solvent, is plotted against c, the con-
centration of polar solute in moles per cc. The limiting slope of the
line (A/c)o, is then used to calculate the moment by means of the
equation

ofc7' 3 Lo
M ~ 44A0(e, + 2)(m2+ 2) (Alc)o
where iVois Avogadro’s number. As a matter of convenience, for the

present data A was plotted against the concentration in moles per
liter, M, and the resulting slope was multiplied by 1000.

Notes 749

Sulfate, molarity.

Fig. 3.—Dielectric constants of benzene solutions of amine
sulfates: (1) I-(3-ethylpentyl)-4-ethyloctylamine sulfate;
(2) di-n-decylamine sulfate (the broken line is an extension
of the straight portion at low concentrations to illustrate the
deviations from linearity); (3) tri-n-octylamine sulfate; (4)
di-n-decylamine sulfate, dry.

Fig. 4. -Dielectric constants of benzene solutions of amine
bisulfates: (1) I-(3-ethylpentyl)-4-ethyloctylamine bisul-
fate; (2) di-n-decylamine bisulfate; (3) tri-n-octylamine
bisulfate.

Fig. 5.—Guggenheim slope of lower concentration range
of: (1) I-(3-ethylpentyl-ethyloctylamine and (2) di-n-de-
cylamine sulfate, dry.
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Tabure |li
D ibole Moments at 1 Me.
Condi- .
tion of  [msoqg/ [moi/ nx
Form prep. [SRI isRI ios
A. 1-(3-ethylpentyl)-4-ethyloctylamine
Amine dry (No H.SO,) 0.1 to >1 5.07, 4.08
Sulfate wet 0.500 *4 4.95
Bisulfate wet .808 3 3.59
B. Di-n-decylamine
Amine dry (NoHjSO, <1 2.05
Sulfate dry 0.515 0.05to >1 4.4,3.07
Sulfate wet .500 1.5 4.07
Bisulfate wet .074 no analysis 5.13
C. Tri-n-octylamine
Amine dry (NoHsSéd <1 0.277
Sulfate wet 0.494 2.5 0.77
Bisulfate wet .943 0.94 5.40

deviations from linearity in the measurement of
dielectric constants of various tri- and tetraalkyl-
ammonium picrates and bromides in benzene. They
attributed this effect to an increase in aggregation
with concentration, and noted that very symmet-
rical molecules showed little deviation from lin-
earity, while very unsymmetrical ones showed
large deviations. For the present solutes, the light
scattering measurements indicated monodisperse
aggregates; in addition, there is apparently little
or no correlation between the non-linearity ob-
served here and molecular symmetry. It seems
likely that some other effect is responsible for the
deviations observed.

It is to be noted that the magnitude of the dipole
moments in Table Il are in a reasonable range for
such compounds, although all are somewhat lower
than the picrate, acetate and halide salts of some
tertiary amines recorded by Geddes and Kraus.s

Compound e X 10'8
Tri-re-butylammonium picrate 13.1
Tri-isoamylammonium picrate 13.3
Tri-n-butyJaminonium iodide 8.09
Tri-n-butylammonium bromide 7.01
Tri-n-butylammonium chloride 7.17

These differences are to be expected from the more
symmetrical arrangement of two alkyl ammonium
groups associated with the sulfate radical. Of the
compounds investigated here the dipole moments
of the free amines show the expected trend, i.e., pri-
mary > secondary > tertiary. In the case of the
amine sulfates, however, the tertiary amine shows a
higher dipole moment than either the primary or
secondary amine. Since the latter amine sulfates
are known to be aggregated, s while tri-n-octylamine
sulfate is monomeric, this suggests that the mo-
ments due to the primary and secondary amine sul-
fate monomers in the aggregates are partially
cancelled by their spatial arrangement. The bi-
sulfates of these amines are likewise out of the ex-
pected order. Tri-n-octylamine bisulfate, which is
known to be dimeric, shows a sharp decrease in po-

(8) G. S. Hooper and C. A. Kraus, 3. Am. Chem. Soc., 56, 2265
(1934).

(9) 3. A. Geddes and C. A. Kraus, Trans. Faraday Soc., 32, 585
(1936); C. A. Kraus, T nis Journar, 60, 129 (1956).
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larity from the sulfate, again in qualitative accord
with masking due to the molecular grouping.

Understanding of the dielectric be.iavior of these
solutes is, of course, far from complete. Among the
guestions remaining to be answered is the role of
water in the apparent dipole moment and in the
degree of aggregation of the amine salts in organic
diluents. In this connection the behavior shown
by a relatively dry sample of di-n-decylamme sul-
fate is interesting (see Fig. 5). The solution con-
tained a small amount of water (ca. 0.06 mg./ml.),
and a change in slope of the dielectric constant
curve for this solute occurs in the region of two wa-
ters per mole of amine sulfate..0 This suggests the
possibility of a stoichiometric hydrate, which may
be of importance in controlling the extent and/or
the stability of the aggregation.

(10) Since the initially dry amine sulfate was dissolved in and

successively diluted with benzene containing ca. 9.06 mg./ml., as the
concentration of amine sulfate was reduced the ratio [I120]/[Amine
sulfate] increased.

ELECTROLYTIC JUNCTIONS WITH
RECTIFYING PROPERTIES

By B. Lovrecek,1A. Despic2and J. O'M. Bockris

John Harrison Laboratory of Chemistry, University of Pennsylvaniat
Philadelphia, Pa.

Received September 2, 1968

lleisss and Fullers have pointed out that the ex-
cess and decess of electrons in, e.g., Si and Ge, con-
taining impurities, corresponding to n- and p-type
semiconductors, respectively, have a strong analogy
to the excess and deficiency of protons in water, cor-
responding to acid and alkaline solutions. It fol-
lows that there should be a possibility of achieving,
utilizing only aqueous electrolytes, the well known
rectification of alternating electric current which
occurs at ajunction of n- and p-type semiconduc-
tors. The purpose of this communication is to re-
port that this has been achieved.

The idealized electrolytic analogy to the p-u
junction would consist of an electrolytic solution
(A) containing an excess of highly mobile protons,
together with corresponding anions so large as to be
entirely immobile; and in contact with this a sec-
ond solution (B), containing an excess of highly mo-
bile hydroxyl groups, together with corresponding
cations so large as to be entirely immobile. Sup-
pose that inert electrodes are introduced into A and
B and an alternating current applied across them.
During the phase in which A is positive and B nega-
tive, the current carrying H+ and OH- ions will be
impelled toward each other, meet at the interface,
and, in principle, form water. Tor this phase,
therefore, current flow will be easy. In the re-
verse phase, the mobile current carriers cannot
flow freely in the opposite direction to that con-
sidered in the first case, because they would have
to be supplied by the dissociation of water at the
interface between the two liquids, and this is slow
(rate constant Kd = 2.6 X 10-5.6 Consequently,
rectification should occur.

(1) University of Zagreb, Zagreb, Yugoslavia.

(2) University of Belgrade, Belgrade, Yugoslavia.

(3) Il. Reiss, 3. chem. Phys., 21, 1209 (1953).
(4) C. S. Fuller, Rec. Chem. Progr., 17, 75 (1950).
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In practice, rectification of alternating currents
has been observed with the following practical ap-
proximations to the above idealized system.

1)
strong polyacid; the other is an aqueous solution of
a strong polybase. The polyacid and polybase
should both be of the highest practical molecular
weight. The two electrolytes are separated by a
thin dialyzing membrane and one electrode is im-
mersed in each.

)
brane in H + form and an anion exchange membrane
in OH form. The membranes are pressed against
each other. To make the electrical contacts, each
membrane has an adjacent electrode compartment
filled with a suitable electrolyte in which an inert
electrolyte is immersed.

Both types (1) and (2) were constructed and the rectifica-
tion effects detected. For type (1), solutions of polyvinyl-
toluenesulfonic acid and polyvinyltrimethylbenzylammo-
nium hydroxide (kindly supplied by the Dow Chemical Co.)
were used. Dialyzing parchment was used as a membrane.
A rectifying element of type (2) was constructed of Nepton-
CR-61AD and Nepton AR-111AD membranes in |1+ and
OH- form, respectively. A thin perforated Teflon sheet
(0.02 mm. thick) was placed between the membranes to re-
duce the active surface of the rectifier in respect to outer sur-
faces in contact with electrolytes. In most experiments the
electrolytes were pure water. Platinum gauze electrodes
were used.

A.c. voltage (60 c.p.s.) was applied across the electrodes
and the resulting current-voltage relation was observed di-
rectly on a CRO screen. A typical rectification curve ob-
tained is shown in Fig. 1.

A multi-element device was also composed by connecting
a number of single elements of type (2) in series. Each
“ sandwich” was separated from the next by a thicker Teflon
spacer, the free space being filled with water. Electrode com-
partments were added to the end elements on both sides.
Rectification efficiencies up to 85% were observed.

It is known that certain biological systems also exhibit
rectification properties.6 The above described model of a
rectifying electrolytic junction may possibly be applicable
also to these systems.

(5) M. Eigen and L. De Maeyer, Z Elektrochem., ss, 986 (1955).
(6) T. Teorell, Z. physik. Chem. Neue Folge, 15, 385 (1958).

One electrolyte is an aqueous solution of a

The electrolytes are a cation-exchange mem-chloride in these discs.
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PORE STRUCTURE OF SINTERED GLASS
FROM DIFFUSION AND RESISTANCE
MEASUREMENTS

By I. Fatt

Division of Mineral Technology, University of California, Berkeley 4,
- California

Received September 2, 1958

Barrel1 recently has proposed the use of transient
diffusion measurements in porous media to deter-
mine the tortuosity factor of these media. He also
called attention to the suggestion of Wyllie and
Rose: that tortuosity can be derived from the ratio
of the specific electrical resistance of a porous me-
dium saturated with a conducting fluid to the spe-
cific resistance of the fluid itself. The purpose of
this note is to show that for a given sintered glass
body the tortuosity calculated from precise tran-
sient diffusion measurements is exactly equal to the
tortuosity calculated from the specific resistance.
Furthermore, this equality of the tortuosities indi-
cates that the sintered glass has no “dead end” pore
space or at least none which can influence the
transient diffusion. (Dead end pore space is con-
sidered to be pore space which is connected to the
main pore space but through which there is no dif-
fusion or electrical flux when a diffusion or electri-
cal potential is applied across the porous body.)

Dr. K. J. Mysels has very kindly made available
to the author, for the purpose of making resistivity
measurements, the sintered Pyrex discs used by
Mysels and Stigters in their development of a tran-
sient diffusion method for measuring the self-dif-
fusion coefficient of micelles. Mysels and Stigter
had previously measured the transport of sodium
The tortuosity factor was
calculated from the pore volume and length of the
discs, and the slope of the transport ratio versus
square root of time curves published by Mysels
and Stigter.4

The transport equation for transient diffusion

across an interface between two solutions was
given by Mysels and Stigter as

dRt g(VL+ 1k) Id

dvi ViIVu 1P

for their experimental arrangement and in the range
o < lit< o.. Rtisthe transport ratio, tis time, q
is the cross-sectional area open for diffusion, V1 and
Fu are the pore volume of the lower and upper
chambers, respectively, and D is the diffusion co-
efficient. When the chambers are replaced by po-
rous discs the open area, g, of the upper disc, into
which diffusion is taking place, can be obtained
from q = VwLnwhere Luis the bulk length of the
upper disc. Equation 1then becomes

dRx = (F1 +_Tu
avi uui

Id
(-}
Mysels and Stigter used sodium chloride solution
in the range o.2 to 0.7 N as the diffusing material.

(1) R. M. Barrer, T nis Journar, s7, 35 (1953).

(2) M. It. J. Wyllie and W. Rose, Nature, 165 972 (1950).

(3) K. J. Mysels and D. Stigter, TinS Journar, s7, 104 (1953).

(4) K. J. Mysels and D. Stigter, 1st Technical Report, ONR Pro-
ject No. NR 054-254, Library of the University o: Southern California
or Library of Congress.
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D varies only slightly with concentration in this

range and can be taken as 1.474 X 10~Bcm.2/'sec.
Measured pore volumes, bulk lengths and D,

when substituted into equation 2 gives (dRt/

d\/Hcaicd for a system of open area gand length Lu

The observed values of dRt/d\/i taken from Mysels
and Stigter are for a system of open area gq and
length lu where la is the actual fluid path length
through the porous medium. The ratio (dRt/

dVi)caicdidfivdniz)onsd IS then a tortuosity, kh
where fci = In/Lu} The tortuosity so obtained
should be characteristic of the pore geometry only.
It gives the ratio of the length of fluid path through
the porous disc to the bulk length of the disc.

The Mysels and Stigter solution of the transient
diffusion equation is based on the assumption that
the porous material is equivalent to a bundle or
network of capillary tubes and that there are no
dead end pores which can act as sources or sinks of
diffusing material.

Columns 2 and 3 in Table I give the calculated

and observed values of dRt/d”/t. Column 4 gives
the tortuosity, kh calculated from these transient
diffusion measurements.

Table |

Comparison of Tortuosites from

D iffusion and Conductance

1 2 3 4 5
IdEt\ I1di?,\ fa ki’

i . (from dif- (from con-
Disc Vd-v/ilcaled \d\/;/ obad fusion) ductance)
2 U 0.01765 0.01331 1.325 1.315
4 U .02713 .02000 1.365 1.375
5U .02620 .01875 1.396 1.395
6 U .02610 .01874 1.391 1.385

Many authorss-s have shown that the pore ge-
ometry characteristic called the tortuosity above
can also be calculated from electrical resistance
measurements on a porous material saturated with
a conducting fluid. The relation is

where r is the measured resistance of a porous body
of pore volume V, length L, and saturated with a
fluid of specific resistance p. Equation 3 is also
based on a model of a porous medium that does not
include dead end pore space.

If the tortuosities calculated from transient dif-
fusion and electrical resistance measurements on a
given porous material are the same then there is no
dead end pore volume or not enough to influence
transient diffusion. This must be true because
dead end pore volume will not have the same effect
on tortuosities calculated from transient diffusion
and electrical resistance.

The porous discs listed in Table | were saturated
with sodium chloride solution for which p = 257
ohm cm. at 23°. For this solution, about 0.05 M,

(5) This is not the same tortuosity used by Barrerland Wyllie and
Rose.2 Their tortuosity is equal to &2 The difference lies in the use
here of an open cross-sectional area equal to Vuw/Lu whereas Barrer,
Wyllie and Rose, and others have used Vu/In.

(6) P. C. Carman, “Flow of Gases Through Porous Media,” Aca-
demic Press, New York, N. Y., 1956, p. 46.

(7) R. K. Schofield and C. Dakshinamurti, Disc. Faraday Soc., 3,
56 (1948).

(8) L. J. Klinkenberg, Bull. Geol. Soc. Amer., 62, 559 (1951).
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in porous glass the surface conductance has been
shown to be less than one per cent, of the total con-
ductance.s The resistance of the saturated discs
was measured between gold-plated brass electrodes
by use of a conductance bridge operating at 1000
c.p.s. An electrolyte-saturated piece of blotting
paper was placed between the discs and the elec-
trodes to ensure contact. The resistance of the
two saturated pieces of blotting paper alone was also
measured. This resistance was subtracted from
the total to give the resistance of the porous disc.
The resistance of the paper was 5% of the total and
could be reproduced to £+5% . The uncertainty in
the resistance of the porous disc introduced by use
of the blotting paper as contact material was no
greater than 0.25%. The total uncertainty in the
resistance is probably 0.5%.

Column 5 of Table I gives fc/ calculated from re-
sistance measurements by use of equation 3.

The tortuosities given in columns 4 and 5 are
identical within the precision of the measurements.
This can be taken to mean that the tortuosity of
sintered porous glass is the same in transient diffu-
sion as in electrical conductance.

Schofield and Dakshinamurtis already have
shown that the tortuosity of a given porous material
is the same in steady state diffusion and electrical
conductance. Their conclusion means simply that
Fick’s first law of diffusion and Ohm’s law for a po-
rous body are analogous. The conclusion drawn
here, that for sintered porous glass the tortuosity is
the same in transient diffusion and electrical con-
ductance, is more significant. It indicates that
Fick’s second law of diffusion, when applied to sin-
tered porous glass, has no source function and can
be integrated directly to give Fick’s first law which
is in turn analogous to Ohm’s law. That is, G(x,t)
= Oin

dc o

st Doxz C&Y O]
where G(x,t) is the strength of the source or sink in
unidimensional diffusion. A dead end pore can
act as a source or sink because it can add or sub-
tract from the transient diffusion flux. If G(x,t)
= o for sintered glass then there are no dead end
pores in this material or at least none which can
influence transient diffusion of the kind carried out
by Mysels and Stigter.z4

Studies are now under way in this Laboratory to
evaluate the effect of dead end pores on transient
diffusion.

The author wishes to thank the American Pe-
troleum Institute and the Institute of Engineering
Research of the University of California, Berkeley,
for the financial support of pore structure studies in
this Laboratory.

(8) H. L. White, F. Urban and B. Monagham, 7 nis Journa1, 45,
560 (1941).

7-RADIOLYSIS of ethylene

By Kang Yang and Peter J. Manno
Radiation Laboratory, Continental Oil Company, Ponca City, Oklahoma
Received October 10, 1968

It appears that the gaseous products formation in
7 -radiolysis of ethylene has not been investigated.1
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We have studied the problem and summarize our
results in this note.

Experimental

Matheson C. p. grade ethylene and Matheson nitric oxide
(min. 99%) were degassed by freeze-pump technique and
subjected to bulb-to-bulb distillation on a vacuum line.
The only detectable impurities in the purified gases were
0.007% ethane in ethylene and 0.3% nitrous oxide in nitric
oxide. The irradiation vessel was made of Pyrex glass and
equipped with break-off seal and capillary constriction at
opposite ends. Four fuel elements from a Materials Testing
Reactor, shielded by 5.5 meters of water, were used as an
irradiation source. All experimental data were obtained
at22.5 + 10(the temperature of pool water). Gamma field
intensity was obtained by ionization-chamber technique,
calibrated with a cerious-ceric chemical dosimeter.2 loni-
zation chamber readings before and after each run were
averaged. In a week of irradiation the 7-field intensity
decreased 14%. After irradiations, gaseous products were
analyzed by gas-liquid partition chromatography.

Results and Discussion

Gamma irradiation of ethylene yielded H2 CH4
C2H2 C2Hes and n-CJlio as gaseous products,s with
(7-values independent of energy input rate. (7-
values were also independent of initial ethylene
pressure (Table 1) and surface-to-volume ratio of
the glass reactors (Table Il1). In order to identify
the presence of free radicals, nitric oxide was added
to a standard run. The results summarized in
Table 111 show that the formation of ethane was
completely inhibited by the presence of 5% nitric
oxide. In electron bombardment of ethylene,s hy-
drogen atoms and methyl radicals are formed by
direct detachment and by ion-molecule reactions.
Similar reactions could occur in 7 -radiolysis.
Hence, ethane probably is formed by free radical
reactions, such as

H + C2A14— > C2l6
CH5+ H— s- CH6
and

CH3+ CH, — CH6

The (7-values for hydrogen, acetylene and n-butane
were not affected by nitric oxide. This suggests
that the reactions resulting in these products do not
involve free radicals.

Table |

G-Values of Gaseous Products in 7-lrradiation of
Ethylene at Different Ethylene Pressures

Energy input rate: 2 X 10Be.v./g. hr.

Ethylene G lecul 100

Ponde cimi TSRO EE naro
120.0 3.2 1.9 0.05 0.56 0.48
99.8 3.0 1.8 < .48 .45
80.0 3.7 2.0 .04 .59 a
60.0 3.7 2.0 .06 .67 .89
40.0 3.9 2.0 .10 .85 .89

“ G-value not measured.

(1) E. Collinson and A. J. Swallow, Chem. Revs., 56, 482 (1956).

(2) J. Weiss, Nucleonics, 10, No. 6, 28 (1952).

(3) Negative results of Hayward and Bretton to identify these
gaseous products may be due to the ineffectiveness of their analytical
technique, viz., copper oxide reduction method. (See J. C. Hayward,
Jr., and R. H. Bretton, Chem. Eng. Progr. Symposium Series, 50, 78
(1954)).

(4) F. H. Field, J. L. Franklin and F. W. Lampe, J. Am. Chem.
Soc., 79, 2419 (1957).
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Table Il

E ffect of Glass Surface Upon the Gaseous Products
Formation in the 7-Radiolysis of Ethylene

Ethylene pressure, 120 cm.; energy input rate, 2 X 1019

e.v./g. hr.
Surfa\ceI area, ; G lecul 100
D L e v =
0.8 3.6 2.2 0.06 0.36 0.30
5.7 3.2 1.9 .05 .56 48

° Packed with glass beads (4 mm. in diameter).

Table 111
Effect of Nitric Oxide on the Gaseous Products in
the 7-lrradiation of Ethylene®
Ethylene pressure, 100 cm.; energy input rate, 2 X 1019

e.v./g. hr.
N e e Pmammmmnnann G lecules per_100 e.v.)-

Pem)© G (giecutes PELRS0 eV ik
0.0 3.0 1.8 0.48 0.45

5.0 3.6 1.8 00 'e
10.0 3.9 1.7 .00 40
20.0 4.1 1.9 .00 37
30.0 4.1 1.7 00 41

“ Due to the overlap of methane and nitric oxide peaks in
chromatographs using silica gel columns, the effect of nitric
oxide on the G-value for methane was not obtained. bG-
value not measured.

MISCIBILITY RELATIONS OF LIQUID
HYDROGEN CYANIDE

By Alfred W. Francis

Socony Mobil Oil Company, Inc.
Research and Development Laboratory, Paulsboro, N. J.

Received September 19, 1958

Published miscibility relations of hydrogen cya-
nide are meager, perhaps because of its toxicity.
Several handbooks indicate complete miscibility
with water or alcohol; and distribution at low
concentrations is reported:-¢ between benzene and
water or aqueous solutions. Freezing curves of
four binary systems of hydrogen cyanide have been
observed.s-s Itsunique structure suggested studies
of binary and ternary solubilities.

Hydrogen cyanide was distilled from a cylinder
and condensed in a large tube in an ice-bath. It
was kept ato ° (its b.p. is 26°) in a glass stoppered
vessel. All operations were conducted in a hood,
and no odor of cyanide was noted during the in-
vestigation.

Samples of hydrogen cyanide were taken by a 1-
ml. graduated pipet connected to a “propipette,- o
and mixed with other liquids in a small graduated
glass stoppered tube which could be shaken for
equilibrium studies. In view of the small samples,

(1) A. Hantzsch and F. Sebaldt, Z. physik. Chem., SO, 258 (1899).

(2) A.Hantzsch and A. Vagt, ibid., 38, 705 (1901).

(3) P. Gross and K. Schwarz, Monatsh. Chem., 55, 287 (1930).

(4) P. Grossand M. Iser, ibid., 55, 329 (1930).

(5) M. Randall and J. O. Halford, 3. Am. Chem. Soc., 52, 192
(1930).

(6) “Solubilities of Inorganic and Metal-Organic Compounds,”
A. Seidell, Ed., D. Van Nostrand Co., New York, N. Y., 1940, pp.
569-70.

(7) J. E. Coates and N. H. Hartskorne, J. Chem. Soc., 657 (1931).

(8) A. L. Peiker and C. C. Coffin, Can. J. Research, 8, 114 (19,33).

(9) Instrumentation Associates, New York 23, N. Y.
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Fig. 1.—Ternary systems of hydrogen cyanide.

solubilities are onty approximate. Liquids (includ-
ing condensed gases) found miscible with hydrogen
cyanide were matched for ternary systems with
other liquids known to be immiscible with HCN,
and vice versa. This gives a better idea of mis-
cibility relations than do binary solubilities alone.
A gaseous reagent was condensed into a cooled
thick-walled glass tube containing the other com-
ponents. The tube was sealed, weighed, shaken,
then cooled, reopened, more reagent added and re-
sealed, etc.

Table I lists 23 liquids found completely miscible
with hydrogen cyanide at room temperature. The
“codes” are letters suggestive of the names, refer-
ring to graphs in Fig. 1. Table Il lists 13 liquids
not miscible with hydrogen cyanide, with esti-
mates of the two solubilities. From their struc-
tures many more substances could be added to
each of these groups with reasonable certainty.
Thus, most liquid organic oxygen compounds up to
Cio and aromatic hydrocarbons up to Cs are com-

Table |

Liguids Completely Miscible with Hydrogen Cyanide

(at 25°)
Code Solvent Code Solvent

Ac Acetonitrile F Furfural

A Aniline HBr Hydrogen bromide
B Benzene HC1 Hydrogen chloride
BA ra-Butyl alcohol M Methanol

C Chlorex N Nitrobenzene

CE fl-Chloroethanol NM Nitromethane

CF Chloroform Pe Propylene

Cr w-Cresol S Sulfur dioxide

DA Decyl alcohol w Water

D Dioxane X in- and p-Xylenes
EG Ethylene glycol Xp p-Xylene

FA Formic Acid

pletely miscible with hydrogen cyanide and would
be included in Table I. Olefins above Cs and all
paraffins and naphthenes are probably only par-
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tially miscible with hydrogen cyanide and would be
included in Table II.

Tabre Il

M utual Solubilities or Hydrogen Cyanide,

(at 25°)

Code Solvent Solubility, wt. %
Of HCN In HCN

BB sec-Butylbenzene 30 30

CD Carbon disulfide 5 2

CT Carbon tetrachloride 5 2.5

Cy Cyclohexane 5 3

De Decalin 3 2

H n-Hexane 2 2

Hx 1-Hexene 10 10

L Lauryl alcohol 20 20

MN  a-Methylnaphthalene 5 5

(6] 1-Octene 5 5

PF Perfluorodimethylcyelohexane 2 2

P Propane 5 2

T Tetralin 5 5

Figure 1 presents 32 ternary systems Oil 28
graphs arranged concisely as in systems of liquid
carbon dioxide..o In each graph the top corner
represents hydrogen cyanide. The other compo-
nents are indicated by letters referring to the codes

in the tables. The left hand component is the non-
hydrocarbon, when present, or the more polar
component. However, the usual measures of

polarity are distorted since benzene and xylenes
are miscible with hydrogen cyanide while carbon
disulfide and carbon tetrachloride are not.

The majority of the graphs have simple binodal
curves on the right side, though the depths of the
curves and the positions of the plait points vary.
Five of the systems have binodal curves on the
bottom and three on the left sides. Graphs 20 and
27 have isopycnicsioi1 as represented by dashed
tie lines indicating equal densities for the two lay-
ers. Other tie lines are shown only on Graph 1,
based partly on references 1, 2, 6. These tie lines
are solutropic (reversing in slope). This system
also contains isoopticsir2 (not shown) for some tie
lines, indicating equal refractive indices for the
two layers. Tie lines in the other systems can be
approximated from the positions of the plait
points.

Graph 2 is unusual in showing a binodal curve
and a separate island curve, and so has three plait
points. The island may be related to the complex
noted by Peiker and Coffin.s This island is larger
than in the other published graph of this type,
namely, the aqueous system of dioxane with hydro-
gen chloride.is The system water-hydrogen bro-
mide-dioxane is certainly of the same type. How-
ever, there is no island in the 1IBr-HCN system,
Graph 3. Two graphs, s and 11, represent three
systems each because those of each graph are ident-
ical within the accuracy of the observations.

An actual extraction in the benzene-hexane sys-
tem, graph 20, indicated a fair selectivity of hydro-

(10) A. W. Francis, T his Journal, 58, 1099 (1954).
(11) A. W. Francis, Ind. Eng. Chem.., 45, 2789 (1953).
(12) A. W. Francis, ThisJourna 1. 56, 510 (1952).
(13) A. W. Francis, ibid., 62, 579 (1958), Fig. 2.
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gen cyanide for benzene. However, other less toxic
substances show higher selectivities.

Acknowledgment.—The author is indebted to
his colleague, Dr. R. D. Offenhauer, who suggested
the investigation, and prepared the sample of
hydrogen cyanide.

A SPECTROPHOTOMETRIC INVESTIGA-
TION OF OUTER-SPHERE ASSOCIATION OF
HEXAMMINECOBALT(IIl) ION AND
HALIDE ION:

By Edward L. King, James H. Espenson and Robert E.
Visco
Department of Chemistry, University of Wisconsin, Madison 6, Wisconsin
Received September 27, 1958

This paper presents the results of experiments
which 'indicate that the values of Qi, the equilibrium
quotients for the reactions

Co(NH36+3 + X -

with X~ = CI“ and Br~ are much lower than the
values reported by Evans and Nancollas.. Very
small values of the absorbancy enhancement have
been relied upon in this earlier work to obtain val-
ues of Qi-3s The present study was made with the
concentration of hexamminecobalt(l11) ion held at
a low and constant value and the concentration of
halide ion varied up to 0.9 M. The results ob-
tained in the present study at X 250 mg for X~ =
Cl- and X260 m” for X~ = Br~ are presented in
Fig. 1. It is seen that the absorbancy enhancement
in each series of measurements is, within the experi-
mental uncertainty, proportional to the concentra-
tion of halide ion over the entire range of concentra-
tion.

Curvature in a plot of the apparent molar ab-
sorbancy index of hexamminecobalt(lll) ion (a =
(log 70//)/[C 0ni]5, where b is the cell length and
[Co11]] is the stoichiometric molar concentration of
hexamminecobalt(l11) ion) versus [X-] sets in with
increasing [X-] when Qi[X-] becomes appreciable
compared to unity, as shown by the equation
a + aiQi[X ]

1+ OriX-]

Co(NH36+3X -

@

where ao and ai are the molar absorbancy indices of
Co(NH3s6+3 and Co(NHs)c+s-X_, respectively.
If (hfX-] << 1, equation 1reduces to

5= do+ aQi[X-]

a~

@

It is clear that only values of the product of at
and Qi are obtained from the experiments such as
those reported in Fig. 1. The values of this prod-
uct for each system at several wave lengths are
given in Table I. In Fig. 1 are also shown the
lines which correspond to Qi = o.2 associated with
the Qidi product which gives the best fit to all of the

(1) This work was supported in part by a grant from the United
States Atomic Energy Commission (Contract AT (II-1)-64, Project
No. 3).

2) )M. G. Evans and G. H. Nancollas, Trans. Faraday Soc., 49, 363
(1953).

(3) The enhancement of log h/1 at one of the highest concentra
tions of chloride ion and hexamminecobalt(l11) ion studied at 35° at
248 him was only 0.026 (if 8 of the paper2refers to one cm. of light
path).
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Fig. 1.—The apparent molar absorbancy index of hex-
amminecobaltflll) ion as a function of the concentration of
chloride ion and bromide ion. T = 35.1°; / (ionic strength)
= 0.9, maintained with sodium perchlorate; [Co(NH3)6+3]
= 3-5 X 10-4 molar; upper curve, X = chloride, X250 n™i
left hand ordinate; lower curve, X = bromide, X 260 np<
right hand ordinate.

points. The enhancement of absorbancy in these
systems, if interpreted in terms of the formation of
an outer-sphere complex, suggests, therefore, the
value of the association equilibrium quotient at 35°
and an ionic strength of 0.9 for each of these reac-
tions to be definitely less than o.2.4 Evans and
Nancollasz interpret their absorbancy data ob-
tained at 7 = 0.054 and 35° to give Qi values of 91
+ 4 and 51 + 2 for X~ = CIl~ and Br~, respec-
tively. Is the factor of > 250 between the (J, val-

N otes
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Table |

The Values of tiie Quantity Qxai at 35.1° in Aqueous

Sotution with I = 0.9 fob Co(NH3e+3 X~
X s @ Q8

(mit) X- - Cl- X- = Br-
245 680
250 360"
255 180 1150
200 97 900"
265 680
270 520

“ This is the slope of the straight line in Fig. 1.

ues reported by Evans and Nancollasz and the up-
per limit suggested by the present work possibly to
be attributed to the ionic strength dependence of
the value of Qi? A rough approach to this problem
is the use of the relative change of the sixth power of
7+ for a strong 1-1 electrolyte with ionic strength as
an estimate of the relative change with ionic
strength of Qxfor these reactions with AZ2 = —s.
The value of (7,J&Rbi (for 25°) changes by a factor
of ~7 over this range of 7. (Of those 1-1 electro-
lytes which are certainly strong, rubidium iodide
shows about as dramatic a change in y+ over this
range of ionic strength as do any.) There is, there-
fore, an apparently irreconcilable discrepancy be-
tween the Qi values reported here and those re-
ported by Evans and Nancollas.2 In view of the
larger absorbancy enhancement upon which the
conclusions of the present paper are based, the up-
per limit of Qi reported here is considered the more
reliable.

It would appear that the data of Evans and Nan-
collasz are not, however, in drastic disagreement
with the data presented here. From the plots in
their Fig. 3, it is to be concluded that the values of
axQ, for the chloride and bromide systems at ionic
strength 0.054 are ~10 + 3 times the values of this
guantity obtained in the present work. This factor
is not very different than the factor ~ 7 already sug-
gested as a reasonable ionic strength dependence of
Qi over therange 7 = 0.9 to 7 = 0.054. (This sug-
gests only minor variations in the values of axwith
changing ionic strength.)

On the basis of conductance measurements upon
solutions of hexamminecobalt(lll) chloride, Jenk-
ins and Monks assign a value of ~30 for KX =
[Co(NH3)s+3-Cl-]/[Co(NH3)s+3]-[CI-] at 25°. A
reasonable extrapolation of this admittedly very
uncertain value to 7 = 0.05 gives Qx= 10.

It is of interest to note that the upper limit placed
upon the value of TOo by the present work corre-
sponds in the Bjerrum treatment of ion associations
to a rather large distance of closest approach. If
one uses the activity coefficient curve for rubidium

(4) It has been asserted by S. R. Cohen (This Journal, 61, 1670 jodide as a model for the ionic Strength dependence

(1957)) that the spectrophotometric study of ion-pair association
reactions yields a low value of the equilibrium quotient if distant ion-
pairs do not manifest their presence by a change in absorbancy com-
pared to the unassociated ions. This assertion is not correct; the value
of Qi obtained by the correlation of absorbancy data with equation 1
is the sum of the Qi values for the reactions forming all 1-1 species,
and the ai value obtained is the weighted average of the absorbancy
indices of all such species. (Thi3 has been pointed out by E. Grun-
wald and J. E. Leffler (see S. D. Ross, M. M. Labes and M. Schwarz,
J. Am. Chem. Soc., 78, 343 (1956)); see also L. E. Orgel and R. S.
Mulliken, ibid., 79, 4839 (1957).) Thus the value 0.2 is the upper
limit for the sum of the Qi values for all “isomeric” 1-1 species which
form rapidly from Co(NHs)e+3and X".

of (Qi)-,/t, one concludes that KX is less than ~5,
which corresponds to a distance of closest approach
of greater than - 1 0 A.; the value of g, the distance
of separation in the Bjerrum theory, within which a
pair of ions of charge +3 and —1 are considered
to be associated in water at 35° is 10.S A. It ap-
pears that the association of hexamminecobalt(l11)
ion and univalent anions is less extensive than that

(5) 1. L. Jenkins and C. B. Monk, J. Chem. Soc., 68 (1951).
(6) N. Bjerrum, Kgl. Danske Vidensk. Selskab., 7, No. 9 (1926).
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predicted on the basis of the Bjerrum theory using
a value of the distance of closest approach which
corresponds to the dimensions of the unhydrated
ions (i.e., 4-5 A.). The logical conclusion to be
drawn is that hexamminec:)balt(l1l) ion and the
univalent anions chloride and bromide do not suc-
ceed in mutually desolvating one another of water
molecules.

Experimental

Hexamminecobalt(l11) chloride was prepared using the
method of Bjerrum and McReynolds.7 Hexamminecobalt-
(111) perchlorate was prepared by addition of perchloric
acid to a solution of the chloride salt in water. Each com-
pound was recrystallized from water two or more times.
It was demonstrated that further recrystallization of the
hexamminecobalt(lll) perchlorate used in the measure-
ments reported here does not alter the absorbancy of the
solutions containing hexamminecobalt(l11) ion and halide
ion. (Some early measurements using a less pure eobalt-
(111) salt gave appreciably higher absorbancy enhancement
than reported here.)

Reagent grade sodium chloride and sodium bromide were
used without further purification.

Sodium perchlorate was prepared by reaction of a slight
excess of perchloric acid with reagent grade sodium carbon-
ate. The solid obtained by the evaporation of water from
the filtered solution was twice recrystallized from water.

Absorbancy measurements were made using a Beckman
model DU spectrophotometer. Cells of 2 and 10 cm.
length were used with a thermostated cell holder.

Acknowledgment.—One of us (E. L. K.) wishes
to acknowledge that Professor H. Taube called his
attention to the fact that the Qi values reported by
Evans and Nancollasz were probably too high,
thus suggesting the present study.

(7
Vol. Il, McGraw-Hill Book Co. Inc., New York, N. Y., 1946, pp. 217-
218.

FREEZING POINTS OF MIXTURES OF
WATER WITH HEPTAFLUOROBUTYRIC
ACID

By John R. Hollahan and George H. Cady

Contribution from the Department of Chemistry, University of
Washington, Seattle, Washington

Received October 4» 1958

Heptafluorobutyric acid is miscible in all propor-
tions with water. Like its homologs this acid is
highly ionized in dilute solutions. Its freezing
point is given in the literature as —17.5°.1 This
datum is used in Fig. 1

The acid for this study was obtained from the Minnesota
Mining and Manufacturing Co. It was distilled, the
middle portion being used. A mixture of the acid with its
anhydride was obtained by adding some of the acid to phos-
phorus pentoxide and then distilling away the liquid.

Two methods were used for determining freezing points
and compositions: (1) a mixture of the acid with water was
partially frozen in a Dewar vessel and the mixture was
stirred until equilibrium was established between solid and
liquid. The temperature then was observed with a thermo-
couple, and a sample of the liquid was removed using a hypo-
dermic needle covered at the tip with a filter of glass-wool.
The sample was analyzed to determine the acid by titration
with sodium hydroxide or to determine the water, in mix-
tures containing over 45 mole % acid, by titration with Karl
Fischer reagent. (2) In the second method, a sample of a
mixture of the acid with its anhycride was placed in a flask
which could be weighed. To this weighed portions of

(1) Page 1 of Heptafluorobutyric Acid, Minnesota and Mining
and Mfg. Co., St. Paul, Minnesota (about 1950).

J. Bjerrum and J. P. McReynolds, “lInorganic Syntheses,”
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Fig. 1.

water were added as needed using a vacuum line to make
the transfers. After each addition of water, the freezing
point of the solution was determined by finding the tempera-
ture (using a thermocouple in a tube with a closed end dip-
ping into the liquid) at which a very small part of the sample
would continue to exist as solid while shaken with the liquid
for at least a few minutes. By making a graph of freezing
point vs. weight of water added, two maxima in the tem-
perature were found. One maximum corresponded to the
pure acid and the other to the compound CFjCOOHH D.
From these the compositions of all other solutions in the run
were calculated. The second method gave more precise
compositions than the first.

Results are represented in Fig. 1, the line being
based upon the second experimental method.
Two features of the graph are of interest: (1) the
acid forms a monohydrate as does trifluoroacetic
acidz but it does not form a tetrahydrate (trifluoro-
acetic acid does). (2) There is a break in the
curve at a mole fraction of 0.026 and —4.9°.
This probably indicates the existence of micelles
in solutions above this concentration. At this point
one mole of acid in 1000 g. of water lowers the
freezing point about 3.3°.  Upon shaking a solution
of composition within the micelle region a foam,
like soap suds, is obtained for concentrations of
acid less than mole fraction 0.14.

The inset in Fig. 1represents in detail the part of
the system involving solutions of mole fraction be-
low 0.065. All of the points shown in the inset were
obtained by the second experimental method.

The monohydrate melts at —11.0°. There is an
eutectic point at —29.9° and a mole fraction of
acid of 0.750 and a second eutectic point at —29.7°
and a mole fraction of 0.255.

Acknowledgment.—This work was supported in
part by the Office of Naval Research.

(2) H.H. Cady and G. H. Cady, J. Am. Chem. Soc., 76, 915 (1954).

ANION TRANSPORT NUMBER IN PURE
MOLTEN SILVER NITRATE

By H. Bloom and D. W. James

University of Auckland, Auckland, N. Z.
Received October 16. 1968

A method to determine transport number in
molten salts was described recently by Bloom and
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Doull: who measured (e.g., for PbCL) volume in-
crease of anolyte, when a known quantity of elec-
tricity was passed through the melt which was
divided into two compartments by a sintered disc.
These compartments terminated in capillaries in
which were situated molten lead electrodes which
were open to the atmosphere. The apparatus was
made horizontal to prevent gravitational flow.
Lorenz and Janzz have shown that liquids which do
not wet glass (e.g., molten lead), required consider-
able pressure to cause their displacement in a glass
capillary. To eliminate the possible sticking at the
interfaces between molten metal and air, the pres-
ent authors have modified the apparatus so that
only the molten salt in the capillaries is in contact
with air. In the present method, there are advan-
tages in using solid metal electrodes, e.g., silver. It
was decided, therefore, to investigate molten silver
nitrate, this being one of the few suitable silver
salts which wets glass.

Experimental

The vitreous silica apparatus consisted of a short tube
(bore 0.6 cm.) divided into two compartments by an ultra-
fine (porosity 4) disc and terminating at each end in a uni-
form capillary tube (bore 0.1 cm.). Current from an elec-
tronically stabilized power supply was introduced by plati-
num wires sealed through a small hole in the side of each
compartment into large beads of pure silver which form the
electrodes. The cell was heated in a furnace capable of ro-
tation. It was filled with melted analytical grade AgNO03
in the vertical position and then rotated into the horizontal
position, where the boundaries of molten AgNO3 in the
capillaries were observed using a cathetometer. After
levelling the apparatus to prevent gravitational movement
of the melt, current was passed for measured time intervals
and the resulting movement of the boundaries measured.
A range of current from 26 ma. (for 15 min.) to 100 ma. (for
3 min.) was used. Silver “trees” were formed at the cath-
ode, cf. Aziz and Wetmore,3but electrolysis was interrupted
before they extended to the disc. Reversal of polarity
caused the trees to break. Temperature was kept constant
to £0.1° during each run.

Results and Discussion

The transport number of the anion is given by

, 96,5007P
X ~ qE
where V in cc. is the volume increase of the anolyte
(i.e., the volume increase due to movement of elec-
trolyte boundary plus the volume of silver anodi-
cally dissolved); p in g. cc.-1, the density of the
molten salt; qin coulomb, the quantity of electric-
ity passed; and E, the equivalent weight of the
electrolyte. For 25 runs using different cells and
currents from 26 to 100 ma.,, t = 0.251 + 0.014
(95.5% confidence limits) at 232 + 4°. In con-
trast with Bloom and Doull’s method, ultrafine
discs must be used as the prevention of gravita-
tional mass transfer through the disc is difficult with
coarser discs even with careful levelling of the fur-
nace. Lorenz and Janz: likewise found that melts
such as AgN 03 which wet glass, can be displaced in
glass capillaries by very small pressure. The pres-
ent value of tis in good agreement with the approxi-
mate value predicted by Aziz and Wetmores for the
same salt and, within experimental error, is identi-
(1) H. Bloom and N. J. Doull, T his Journa 1, 60, 620 (1956).
(2) M. R. Lorenz and G. J. Janz, ibid., 61, 1683 (1957).

(3) P. M. Aziz and F. E. W. Wetmore, Canadian 3. Chem., 30, 779
(1952).
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cal with the value of 0.25 which Laity and Dukes
obtained by a bubble cell method. In each case
the only moving interface is between air and molten
AgNOs

Assistance from the University of New Zealand
Research Fund for the purchase of apparatus is
gratefully acknowledged.

(4) R. E. Laity and F. R. Duke, J. Amer. Electrochem. Soc., 105
97 (1958).

THE INFRARED SPECTRA OF GASEOUS
MAGNESIUM CHLORIDE, MAGNESIUM
BROMIDE AND NICKEL CHLORIDE AT

ELEVATED TEMPERATURES:

By Sterling P. Randall, Frank T. Greene and John L.
M argrave
Department of Chemistry, University of Wisconsin, Madison 6, TFYsconsin
Received October 11, 1958

The infrared absorption spectra of gaseous Mg-
Cl2 MgBrz2 and NiCL have been observed by means
of a Beckman IR 2 infrared spectrophotometer,
using a Vycor tube (2.5 cm. diameter, 70 cm. long)
fitted with potassium bromide windows as the gas
cell. A nichrome wound resistance furnace was
used for heating this cell. The temperature was
measured and controlled by means of a chromel P-
alumel thermocouple in conjunction with an Ampli-
trol and potentiometer. The temperatures at
which absorption was observed were: MgCI2
1000°; MgBr2 1000°;, NiCL, 850°.

Electron diffraction measurements of the vapor-
ized group 11 halides:z indicate that these molecules
are linear. MgCL and MgBrz should therefore ex-
hibit two infrared active fundamental frequency ab-
sorptionss at frequencies V3 for the antisymmetric
stretching vibration and r2 for the bending vibra-
tion. The one absorption maximum observed for
each salt undoubtedly is due to the antisymmetric
stretching vibration. Since the Beckman IR 2,
with potassium bromide optics, has a long wave
length limit of about 400 cm.-1, one does not expect
to observe the bending absorption which occurs at
still longer wave lengths.

The structure of NIiCL in the gas state has not
been determined, but one may tentatively assign a
linear structure to this molecule. If NiCL pos-
sessed a bent symmetrical structure, it would have
three infrared active fundamental frequencies.
The symmetric and antisymmetric stretching vi-
brations should have fairly similar magnitudes,
while the bending vibration would absorb at longer
wave lengths. Only one absorption maximum for
NiCL was observed, and this is ascribed to the an-
tisymmetric stretching vibration of a linear mole-
cule. This assumption of linearity is tentative
since there is a possibility that a bent NiCL mole-
cule might have symmetric and antisymmetric
stretching frequencies differing considerably in mag-
nitude so that one absorption might fall outside the

(1) Paper presented at the fall meeting of the American Chemical
Society at Chicago, Illinois, September 11, 1958.

(2) P. A. Akishin and V. P. Spiridonov, Kristdllografiya, 2, 475
(1957).

(3) G. Herzberg, “Infrared and Raman Spectra,”
trand Co., Inc., New York, N. Y., 1945,

D. Van Nos-
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wave length region studied, or the bent molecule
might possess frequencies so similar that, especially
at high temperatures, the absorptions might, super-
impose to give one resulting maximum.

The three absorption maxima observed were:
MgCl2 588 cm.-1; MgBr2 490 cm.-1; NiCl2 505
cm.-1. Buchler and Klemperer have recently pub-
lished w'ork on the infrared spectrum of vaporized
MgCl24and report a value of 597 cm.-1 for the an-
tisymmetric stretching frequency.

The frequency of the symmetric bond stretching
vibration for these molecules is not found in the
literature. This precludes the calculation of the
interaction force constant. In the few examples
for inorganic molecules of this type where the bond-
bond interaction force constant is known36 the
value is quite small. If one assumes a value of
zero for this interaction constant, the stretching
force constant, Aq may be obtained from valence
force field equations.3 Also, the infrared inactive
frequency due to the symmetric stretching vi-
bration may be calculated.

The calculated force constants for the XY 2mole-
cules are shown in Table I. The force constants
for the diatomic XY molecules as obtained from
known v, values6are included for comparison. The
calculation of the force constant, k, for the diatomic
species is based on the 0-1 transition, i.e., the effect
of anharmonicity is included in the calculation.
The observed frequency for the antisymmetric
stretching vibration and the calculated frequency
for the symmetric stretching frequency for the
three compounds also are shown.

Tabite |

Vibrational Frequencies in cm.-1 and Force Constants

IN 105 DYNES/CM. FOR T r IATOMIC AND DIATOMIC HALIDES

\B \ ii k

(obsd.) (ealed.) XY, XY
MgCls 588 297 1.83 1.77
MgBr2 490 178 1.48 1.48
NiCL 505 341 2.41 2.20

It is interesting to note, especially for the magne-
sium compounds, that the force constants for the
triatomic and diatomic species are of nearly equal
magnitude, on the assumption that the interaction
constant in the XY 2molecule is zero. Additional
work is in progress in an effort to determine the ex-
act value of this constant.

(4) A. Buchler and W. Klemperer, J. Chem. Phys., 29, 121 (li)f>8).

(5) W. Klemperer and L. Lindeman, ibid., 25, 397 (1956).

(6) G. Herzberg, “ Spectra of Diatomic Molecules,” D. Van Nostrand
Co., Inc., New York, N. Y., 1950, Second Edition.

RADIATION INDUCED RACEMIZATION OF
I-MANDELIC ACID IN AQUEOUS SOLUTION1

By Paul Y. Feng and Stephen W. Tobey

Physics Research Department, Armour Research Foundation, Chicago,
Ilinois

Received October 17, 1958

Wright2 has found that the optical activity of
solid mandelic acid is reduced by pile irradiation,
and that benzaldehyde is a reaction product. The

(1) This work was supported by the ARF reactor research program.
(2) J. Wright, Disc. Faraday Soc., 12, 64 (1952).
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reaction mechanism was however not understood.
It was not clear whether the reduction of optical
activity was due to racemization, or simple destruc-
tion of the mandelic acid.

This paper reports on the y-radiolysis of aqueous
solutions of mandelic acid. Both racemization
and destruction were found to occur. These phe-
nomena may be explained by conventional radical
mechanisms.

Experimental

Irradiation Samples.—The samples were prepared by in-
troducing aqueous solutions of optically active mandelic
acid3 into Pyrex sample tubes, which were subsequently
frozen, evacuated and sealed. These samples were irradi-
ated at the Gamma Irradiation Facility of the Argonne
National Laboratory.4

Measurements.— Optical activity measurements were
made with the sodium-D line using a Frio polarimeter.
The irradiated mandelic acid was isolated by first treating
a portion of the irradiated sample with dilute sodium hy-
droxide solution and extracting some of the decomposition
products four times with diethyl ether. The aqueous phase
then was acidified with dilute hydrochloric acid and the
acidic ingredients were extracted four times with ether.
This latter ethereal phase was evaporated to dryness and
the mandelic acid so recovered was recrystallized twice
from benzene. Finally, the acid was dissolved in water,
and the optical activity was measured.

Results

The mandelic acid solutions became turbid upon
irradiation and water-insoluble products were ob-
served at higher irradiation dosages. Invariably,
the specific rotations of the solutions wore lowered.
Benzaldehyde was produced (identified by the
mixed melting point method as the 2,4-dinitro-
phenylhydrazine derivative). Phenylacetic acid,
though a possible product, was not positively iden-
tified by either infrared spectrometry or wet analy-
sis.

Within the range of the irradiation dosages used,
the optical activity decreased steadily with dose
(Table 1). In addition, measurements of the

Tabite |

R adiation Induced Racemization of /-Mandelic Acid

in Aqueous Solution

Irradi- Indirect action

Sample ation Initial Final 7-values for the
concn. dosage optical optical isappearance of
(g9./100 1010 rotation rotation optically active
ml.) e.v./g.) (degrees) (degrees) mandelic acid
1.662 5.53 -4.73 -2.77 49 +0.2
1.662 4.95 -4.73 -3.00 4.7 + .2
1.662 4.08 -4.73 -3.20 52+ 2
1.662 3.06 -4.73 -3.21 53+ 2
9.85 5.8 -28.0 -25.6 6+ 1
9.85 4.8 -28.0 -26.5 5+ 1
9.85 3.4 -28.0 -27.3 3+ 2
9.85 3.2 -28.0 -27.4 3+ 2

mandelic acid recovered from the irradiated sam-
ples showed that both destruction and racemization
of the mandelic acid molecules occurred. In a
sample where the total reduction of optical activity
amounted to 30%, the fraction of optical activity
lost by destruction of the mandelic acid molecules
was twice as large as the fraction of optical activity
lost by racemization.

(3) Prepared according to the procedure of R. H. Manske and
T. B. Johnson, J. Am. Chem. Soc., 61, 1909 (1929).

(4) The cooperation of Miss Gladys Swope is gratefully acknowl-
edged.
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Discussion of Results

Primary Mode of Interaction—Examination of
the experimental data suggests that the reactions
induced in an irradiated mandelic acid solution
proceed via a free radical indirect mechanism in-
volving both the H- and OH- radicals as well as
H202 molecules. The primary attack is believed
to be

(S J— aH- + 60H- -f cH2+ dHD2 (1)

CEHEHOHCOOH + H- (or OH ) — >
CEHICOHCOOH + H2(or HD) (2)

These hydrogen abstraction reactions are suggested
by analogy to the results of the irradiation of aque-
ous solutions of acetic acid,6 hydroxy acids6 and
toluene,7 with the formation of, respectively, suc-
cinic acid, keto-acids and side chain hydroxylated
derivatives of toluene. Furthermore, the fact that
benzaldehyde but no appreciable amount of phenyl-
acetic acid was detected in the irradiation products
also indicated the hydrogen abstraction reaction.

The radical species CJRCOIICOOH so produced
probably reacts with other H- or OH- radicals,
H 2 or another COI153COHCOOH radical.

C@HBCOHCOOH + H--—m->
CcHsCHOHCOOH (racemic) (3)

CeHjCOHCOOH -f OH--—-

0
[CEHIO(OH);CO0] 11 - >
-C02
CsHsCOCOOH--------- > CHXTHO (4)
Both the reaction between a CBAHBCOHCOOH radi-
cal with HD 2

CeHsCOHCOOH + HD2— >
[CBHEC(OH)ZOOHI + OH  (5)

and the reaction between two CelRCOHCOOH rad-
icals

2CAHECOHCOOH — >
CEHECOCOOH + CEHECHOHGOOH (racemic) (5)

are energetically permissible. Reaction 6 was ad-
vanced to explain the observed extent of radiation
induced reaction in optical activity. Reactions
with other degradation products are not important
in the initial period.

The ~7-Values of the Radiation Induced Reac-
tions.— It is possible to make the following simpli-
fied observations.

One pair of CIJLCOIICOOII radicals disappear-
ing by reaction 6 would result in racemization or
destruction of two original mandelic acid molecules
with the expenditure of two radicals, whereas a sin-
gle CAHHECOHCOOH radical disappearing by some
other mechanism would result in the destruction or
racemization of one original mandelic acid mole-
cule also with the expenditure of two radicals.
(For the purpose of this consideration, the H2D2
produced can be considered as being equivalent to
two radicals.) Designating by X the fraction of
CEHSECOHCOOH radicals which disappear accord-
ing to reaction 6, we have, at the beginning of irra-
diation

(5) H. Fricke, E. Hart and H. Smith, J. Chem. Phys., 8, 229 (1938).

(6) A. Pratt and F. Putney, Rad. Res., 1, 234 (1954).

(7) A. Kailan, Sitzber. Akad. Wiss Wien, Math. Naturw. Klasse,
Abt. lla, 128, 831 (1919).
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-G (op. activity) = 1 0— [g(H) + ff(OH) +
2</(HD 2] + X[3(H) + s(OH) + ff(HD 2]

where —G (optical activity is the reduction of op-
tically active mandelic acid molecules (due to either
racemization or destruction) per 100 e.v., and the
~N-values are the 100 e.v. primary radical and molec-
ular vyields in irradiated water. Although the
various o-values for mandelic acid solutions (pH ~
2) are not determined, they should he somewhere
between the o-values in 0.8 N HZCh and those in
neutral water. As a first approximation, the g-
valuessforo.s N solutions of H2SOi probably can be
used, and we have

fi(H) = 3.70, i/(OH) = 2.92 and flHD 2 = 0.78

If the initial (7-value for reduction of optical ac-
tivity is taken, by extrapolation of the experimental
data, to be 5.5, the value of X becomes 0.42, which
compares with the experimental value of 0.33.

Acknowledgment.—The authors thank Dr. L.
Reiffel for suggesting this work.

(8) Calculated from the c ¢, 6 r,
Conf. Peaceful uses Atomic Energy, -, 513 (1956).
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IN NITRATE (MELTS

By Ralph P. Seward

College of Chemistry and Physics, The Pennsylvania State University,
University Park, Pennsylvania
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In many instances it has been shown that fused
salt mixtures are close to ideal solutions. For ex-
ample, at 300° solid silver chloride is at equilibrium
with a liquid which is 0.55 mole fraction silver chlo-
ride and 0.45 mole fraction silver nitrate.l This
within the uncertainty of the solubility measure-
ment, agrees with the value calculated from the
melting point of pure silver chloride, 455°, and the
calorimetrically determined heat of fusion, 3080
cal. mole-1.2

In contrast, the solubility of silver chloride in so-
dium and potassium nitrate is very small and, at
sufficiently high temperatures, two liquid phases
are formed. By means of potentiometric titra-
tions Flengas and Rideal3found the product of sil-
ver and chloride ion molalities in the presence of
solid silver chloride in an equimolar sodium-potas-
sium nitrate solvent to be 4.8 X 10-6 at 248°. In
the absence of excess of either silver cr chloride this
is a solubility of 2.2 X 10-3 molal or 2.05 X 10-4
mole fraction silver chloride. From the variation of
the solubility product with temperature, these au-
thors calculated the heat of solution of silver chlo-
ride into the melt to be 18.3 kcal. mole-1. These
solutions appeared to be ideal in that ehe silver chlo-
ride activity was proportional to the product of the
silver ion and chloride ion concentrations, although
far from ideal in terms of departure from Raoult’'s
law.

(1) “International Critical Tables,” Vol. IV, McGraw-Hill Book
Co., Inc., New York, N. Y., 1928, p. 58.

(2) K. K. Kelley, U. S. Bureau of Mines, Bulletin 476, 1949.

(3) S. N. Flengas and E. Rideal, Proc. Roy. Soc. {London), 233, 443
(1955).

(7o values of A. O. Allen, Proc. Int.
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The large differences in the solubility and heat of
solution of silver chloride in silver nitrate and in the
alkali metal nitrate solvent suggested the solubility
measurements reported here. The solubility of sil-
ver chloride in sodium nitrate, in potassium nitrate,
in various mixtures of potassium nitrate with silver
nitrate, lead nitrate, thallous nitrate and barium
nitrate has been measured, in each case over a tem-
perature range of 60° or more.

Experimental

The various salts were reagent quality used without fur-
ther purification, except silver chloride which was made
from silver nitrate and hydrochloric acid.

Sufficient solvent salt or mixture to yield a liquid volume
of about 60 ml. was fused in a glass tube which rested in a
small furnace, the temperature being controlled manually
by means of a variable voltage transformer to £1°. Solid
silver chloride was then added and the mixture stirred me-
chanically for aboutone hour. The consistency of the results
indicated that equilibrium was reached in this time. Stirring
was stopped and, after a few minutes, samples of 2-20 g.
were removed with a preheated glass pipet. As undissolved
silver chloride settled on the bottom or collected on the
stirrer or side walls of the tube, filtration was not needed.
After cooling, the samples were weighed, soluble salt ex-
tracted with water, and silver chloride weighed as such in a
sintered glass disc crucible. Temperatures, which varied
from 180 to 400°, were measured with a calibrated chromel-
alumel thermocouple. The hot junction, protected with a
thin glass tube, was under the liquid surface of the fused
salt. It is thought that uncertainty in solubility measure-
ments is of the order of +2% .

Results and Discussion

If it is assumed that both silver chloride and the
solvent are completely dissociated to simple ions,
the product of the silver and chloride ion mole
fractions, calculated on this assumption, would be
constant at a fixed temperature, providing that the
ion activity coefficients were constant. The sym-
bol K is used below to designate the ion mole
fraction product, where the ion mole fraction is
the ratio of the number of moles of the ion to the
sum of the number of moles of all ions. Further-
more, the heat of solution of silver chloride might be
calculated from the slope of a plot of log K versus
reciprocal absolute temperature. This was done for
each solvent and in all cases plots which were lin-
ear within experimental error were obtained. The
results are shown in condensed form in Table I
which shows the solvent composition, —log K at
300°, the molality of silver chloride at 300°, and

Tabie |
The Solubility of Sitlver Chloride in Various Nitrate
Metlts
Moles
AgCl/kg. AH,
Solvent composition, —oft K solvent keal,
mole % (300°) (300°) mole-1
NaN 03100 7.17 0.00625 22.0
KNOa 100 6.93 .00679 24.0
KNO0395, AgNOa 5 4.86 .0105 9.9
KNOa 90, AgNOa 10 4.16 .0254 8.9
KNOa 75, AgNOa 25 2.97 137 7.3
KNOa 50, AgNOa 50 1.83 .885 5.8
KNOa 25, AgNOa 75 1.25 2.44 3.8
AgNOa 100« 0.83 7.35 3.4
KNOa 90, TINOa 10 6.39  0.0106 220
KNOa 86, Pb(NOa)2 14 5.69 .0229 16.5
KNO, 87.5, Ba(N03212.5 6.89 .0063

= Reference 1.
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AH, the apparent heat of solution, calculated as
—2.3/2d(log K)/d(1/T).

Inspection of Table I shows that the product of
silver and chloride ion mole fractions at a given
temperature is a function of the other cations which
are present. There is a small (8% in molality at
300°) but significant (compared to estimated 2%
precision) difference between sodium and potas-
sium, a very strong dependence on excess silver ion,
and somewhat lesser dependence on lead and thal-
lous ions. Addition of barium nitrate did not cause
a significant change in K, although there was a de-
crease in silver chloride molality. While these ef-
fects suggest complexes of the form Ag,Cl(n- 1,+or
Ag,n+, no quantitative agreement with such as-
sumptions could be found and the observed behav-
ior may arise from quite different causes.

Although the slopes of the log K versus 1/T lines
for silver chloride in sodium nitrate and potassium
nitrate are greater than those corresponding to the
value of 18.3 kcal. found by Flengas and Rideal,3
extrapolation to 248° gives 0.0023 + 0.0001 molal
for the solubility of silver chloride in both sodium
nitrate and potassium nitrate in agreement with
Flengas and Rideal at this temperature. Since the
heats of solution designated as AH in Table | are
based on an assumption as to the nature of the
solution, they should not be considered reliable until
confirmed by calorimetric measurements.

The solubility of silver chloride is also increased
greatly by the addition of chloride ion. In a 90
mole % potassium nitrate, 10 mole % potassium
chloride solvent, the silver chloride solubility at
300° was found to be 0.16 molal. As the eutectic
temperature in this system is above 300°, this value
was obtained by extrapolation of measurements
made at higher temperatures. These solubility
measurements show that a silver chloride-silver
indicator electrode can have but limited application
in fused nitrate melts.

The freezing point of the silver chloride used in
the solubility measurements was found to be 454 +
1°.  On the addition of sufficient potassium nitrate
to form a two phase liquid system, the freezing
point of the silver chloride layer was found to be
lower by 4.6°. Assuming both potassium nitrate
and silver chloride in the silver chloride phase to be
completely dissociated and taking the heat of fu-
sion of silver chloride as 3080 cal. mole-1, the mole
fraction of dissolved potassium nitrate was calcu-
lated to be 0.0067. As extrapolation of the solu-
bility of silver chloride in potassium nitrate to 450°
gives a silver chloride mole fraction of 0.0065, the
mutual solubilities appear to be substantially equal.

FLUORINE N.S.R. SPECTROSCOPY. l.

RELIABLE SHIELDING VALUES, & BY USE

OF CCLF AS SOLVENT AND INTERNAL
REFERENCE

By George Filipovich and George V. D. Tiers

Contribution No. 152, Central Research Dept., Minnesota Mining and
Manufacturing Co., St. Paul 6, Minnesota

Received October 27, 1958

At present, there is no accurate method by which
fluorine nuclear spin resonance (n.s.r.) spectra can
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Fig. 1.—Plot of the apparent shielding value, <% vs. concen-
tration of CBr3 in CChF.
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Fig. 2.—Plot of the apparent shielding value, <% vs. concen-
tration of CBHSCF3in CC13F.

be compared, since no reliable means of recording
spectral position has been reported. There is ob-
viously a need for a practical means of making such
measurements, but recent papers have cast doubt
on the possibility of doing so; a marked effect of
solvent upon spectral position has been reported.12
It has been suggested that intermolecular effects
may be evaluated exactly by extrapolation to zero
polarization (i.e., gas phase at low pressures'.2
Such procedures are at best rather troublesome,
particularly in view of the relatively low solubility
of fluorocarbon materials in non-fluorinated sol-
vents; furthermore, the long extrapolation to zero
polarization is difficult to perform with precision.
For these and other reasons3we have developed a
simplified, internally referenced,3 alternative pro-
cedure for determining and tabulating reliable
fluorine n.s.r. shielding values. Shielding values
may be referred to any physically-defined state
(e.g., vacuum), but it is desirable to choose an ex-
perimentally appropriate state; we have found
CCIsF to be an excellent solvent for fluorinated ma-
terials4 and have accordingly chosen infinite dilu-

(1) D. F. Evans, Proc. Chem. Soc., 115 (1958).

(2) R. E. Glick and S. J. Ehrenson, T his Journat,62,

(3) G.V.D. Tiers, ibid., 62, 1151 (1958).

(4) Miscible at —20° with n-CgFu, (n-CsFiiisO, (n-CUFOjN, cyclo-
C4Fs8, CclIsCFj, or-CiolRI, CSj, CIIjNOi, CHIiCN. Solubility param-
eter, 5 (J. H. Hildebrand and R. L. Scott, "The Solubility of Non-
Electrolytes,” 3rd Ed., Reinhold Publ. Corp., New York, N. Y.,

1950, p. 253 et seq.) estimated as 7.4 by means of the empirical rela-
tion S = 32.0(ns — 1)/(n2+ 2) for liquids of low polarity.

1599 (1958).
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tion in CChF as the standard state for measurement
of fluorine shielding values. The strong, sharp,
readily-identified peak of CChF is used as the in-
ternal reference, and is assigned the value 0 =
+0.000 by definition of the O-scalc. For other
peaks 0* (in p.p.m.) = 10f(//0t3 — H ccuv)/H ccur,
and . = o *at infinite dilution. Increasing values
of 0 signify increasing shielding of the fluorine nu-
cleus.

The n.s.r. equipment and measurement techniques were
as previously described,3except that sweep rates were such
that 1.0 p.p.m. occupied about 50 mm. of chart (25 mm.
for n-CcHuF and for EtXiF). The very inexpensive pure
solvent, CC13F, obtained commercially in cylinders,5 was
transferred to bottles for convenience; refrigerator storage
is desirable in view of its low b.p., 24°. Pipetting and
handling were most easily done in slightly-cooled equip-
ment; for this purpose it was convenient to use a chip of
Dry Ice held in a towel. The fluorine compounds studied
were available in these laboratories and had in most cases
been obtained from suppliers of laboratory chemicals.6

In Table | are presented the observed 0*-values
for a wide variety of compounds having highly dis-

Tablb |

Apparent Fluorine N.S.R.. Shielding Values,
Voi., %

concn.in 0* Std.

Compound COLE (p.p.m.) dev.
cbh.soF 5 -65.509 +0.005
20 —65.547 + .006
CFBr, 3 -7.38-1 + .004
20 -7.309 + .002
10 -7.231 + .007
QO -7.143 + .003
80 -7.052 + .003
CF.Br. 2 -6.768 + .002
10 -6.763 + .004
80 -6.768 + .005
BrCFZXFXRr 10 +63.304 + .005
40 +63.373 + .009
80 +63.332 + .007
Cr,I1,CF3 3 +63.719 + .003
10 +63.651 + .010
20 +63.574 + .005
40 +63.385 + 009
CFObCFCb 5 +67.753 + 006
20 +67.762 + 006
cfXo,h 5 +76.542 + .005
20 +76.552 & OO
cfXci3 3 +82.209 + .002
10 +82.220 + .008
40 +82.230 + 009
Crib,F 10 + 113.150 + .002
40 +113.231 + .003
(CFZCC122 2 + 114.086 + .009
15 + 114.086 + .003

(CdUVSIF 10 +176.24 + 02
40 + 176.240 + .006
n-CrJInF 10 +219.017 + .006
40 +219.002 + .013

similar types of fluorine atoms. The variations in

(5) Trade names: "Freon-lI" "Genetron-11"
(General Chem. Co.).

(6) Matheson, Coleman and Bell Co; Eastman Kodak Co.;
Peninsular Chemical Co. (Gainesville, Fla.); Columbia Organic

Chemical Co. (1012 Drake St., Columbia, S. C.).

(duPont Co.) or
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o * with concentration may seem negligible in view
of the great breadth of the fluorine spectrum (300
p.p.m. or more); however, overlapping o *-values
are shown by two compounds in Table I. It is
noteworthy that the error in measurement of < is
less than 1% as large as the maximal solvent de-
pendence of o* exhibited by one compound,
CeHsCFs. For analytical purposes, at least, crude
0*-values cannot be relied upon directly, but must
be converted into O-values by extrapolation to in-
finite dilution.

Our procedure for extrapolation is illustrated by
Figs. 1and 2, in which (within our limits of error)
the plot of & vs. volume percentage of solute ap-
pears completely linear. The cases chosen, CFBrs
and CesHsCFs, respectively, are the only ones from
the present data which permit a serious test of lin-
earity. Table Il contains a selection of o-values
thus obtained.

Table Il

Filuorine N.S.R. Shielding Values, 0, Obtained by the

Extrapolation of 0*-Values to Infinite Dilution in

CC1F

Compound £p.p.m. Std. dev.
cGisoF -6.5.497 +0.007
CFBr3 -7.397 + .004
CF.Br, -6.768 + .002
BrCFXF2Br +63.403 + .000
CEHGECF3 +63.747 + .003
CFCbCFCI, +67.750 + .008
cfXoa +76.539 + .007
cfXci3 +82.204 + .002
c &h 5F + 113.123 + .002
(CFZC122 + 114.080 + .010
(CHOBIF +176.24 + .03
?i-CRBHIi3F +219.022 + .009

There are several points of practical significance
to be drawn from Tables | and Il. (1) For dilute
solutions (2 to 10%) the difference between 0* and
0 is hardly greater than experimental error, and
extrapolation may safely be omitted unless the
highest degree of discrimination is required. In
cases of limited solubility, or when weak, broad
multiplets are observed, extrapolation may prove
very difficult (e.g., Et®iF). (2) Rather good O-
values are obtained by extrapolation of 0* even
when only highly concentrated solutions are used.
This is particularly significant for the identification
of minor impurities in a sample. (3) The presence
of 1% or less of impurity in the CC13 produces
negligible error in the O0-values; accordingly it
would be permissible to add 1% of the excellent ref-
erence compound, tetramethylsilane,3if proton r-
values were also to be measured.

Externally-referenced measurements made on
pure liquids710cannot accurately be converted to
O-values. Substantial errors would be incurred in
substituting such measurements for O-values, as

(7) L. IT. Meyer and H. S. Gutowsky, T nis Journar, 57, 481
(1953); II. S. Gutowsky, D. W. McCall, B. R. McGarvey and L.
Pl. Meyer, J. Am. Chem. Soc., 74, 4809 (1952).

(8) N. Muller, P. C. Lauterbur and G. F. Svatos, ibid., 79,
1807 (1957).

(9) J. J. Dryadale and W. D. Phillips, ibid., 79, 319 (1957);
Phillips, J. Chem. Phys., 25, 949 (1956).

(10) G. V. D. Tiers, J. Am. Chem. Soc., 78, 2914 (1956);
(1957).

1043,

W. D.

79, 5585
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illustrated in Table I11. In many cases errors even
of this magnitude cannot alter the interpretation of
the spectrum; the data of Table I1l (not elsewhere
available) are therefore of some utility for the in-
tercomparison of measurements listed in references
7-10.

Tabte Il
ArrARENT Shielding Values Obtained .y
Referencing with CC13F

External

Apparent

Pure shielding Std. Error,”

compound value dev. A0
cth5o2r —G5.38 +0.02 +0.12
CFB”"6 -8.85 + .005 -1.45
BrCFoCFjBr +03.32 + .01 +0.08
CJLOFO +63.95 + .01 + .20
CFC1ZFC12 +67.27 + .02 - .48
cfXox +78.45 + .02 +1.91
cCeHa! + 113.68 + .01 +0.50

(CF240 + 138.03 + .01 —
(CHHYSIIF + 176.78 + .02 + .54
ra-CoH13= +219.42 + .01 + .40

“ Error incurred in substituting these apparent shielding
values for the 0-values listed in Table 11. hFirst measured
by Dr. J. R. Zimmerman at the suggestion of one of the
authors (G.V.D.T.). Our measurements agree with his
within £0.02 p.p.m.

It is concluded that subsequently reported fluo-
rine n.s.r. data should and can be presented easily
in a truly interconvertible system of units; we
prefer 0 -values, but would welcome any equivalent
system.

We thank Dr. John R. Zimmerman of the Mag-
nolia Petroleum Co., not only for communicating
to us the results of several precise measurements
comparable to those of Table Ill, but also for
making valuable suggestions concerning n.s.r.
techniques. The assistance of Mr. Donald Hotch-
kiss in obtaining and measuring many of the spec-
tra is gratefully acknowledged.
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The crystallization rate of the more branched,
high pressure polyethylene has been studied dilato-
metrically by Kovacs.2 He observed a rapid crys-
tallization followed by a slow volume contraction
which varied linearly with the logarithm of time.
The slow volume contraction was attributed to the
rearrangement of amorphous material by the
author. Similar processes in the crystallization of
polyhexamethylene adipamide and polyethylene
terephthalate have been observed by Morgan, el
al.,s who called the respective processes primary
and secondary crystallization. No work on the

(1) Preliminary results of this note were presented in a paper
entitled "Effect of Molecular Weight on the Crystallinity and the
Rate of Crystallization of Polyethylene’* at the 133rd ACS meeting in
San Francisco, April, 1958.

(2) A.J. Kovacs, Ricerce Sci., 25A, 668 (1955).

(3) F. D. Hartley, F. W. Lord and L. B. Morgan, ibid., 25A, 577
(1955).
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simpler less branched polyethylenes has been re-
ported except the rapid primary crystallization of
polymethylene observed by Mandelkern.4 In the
present work the crystallization rates of several
Ziegler-type low pressure polyethylene samples
were measured dilatometrically. Some experi-
ments were carried on for as long as two weeks to
examine the long-term, slow volume contraction
reported by Kovacs.
Experimental

The technique of dilatometry has been described in an
earlier article.6 An auxiliary temperature bath was used
to hold the samples at 165° for at least 30 minutes. The
dilatometer was then transferred rapidly to the other tem-
perature bath controlled at the temperature of crystalliza-
tion and the volume contraction was observed through a
precision cathetometer.

Results and Discussion

The samples used for the experiments were an
unfractionated Ziegler-type polyethylene of viscos-
ity average molecular weight 98,000, and three
fractionated samples of molecular weights 110,000,
53,000 and 2,100. The melting points and method
of fractionation of these samples have been re-
ported before.5 A set of crystallization curves of
the 110,000 molecular weight fractionated samples
atjfour different temperatures is represented by the
solid lines in Fig. 1. In the figure, v is the specific
volume of the polymer and y0is the specific volume

(4) L. Mandelkern, Chem. Revs., 56, 903 (1956).
(5) L. H. Tung and S. Buckser, This Journal, 62, 1530 (1958).
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of the amorphous phase extrapolated to the crystal-
lization temperature from the specific volume of
the same sample above its melting point. The crys-
tallization curves of the other three samples are
similar to the ones shown in Fig. 1. At high crystal-
lization temperatures an apparent induction pe-
riod was observed. Following the apparent induc-
tion period was the rapid primary crystallization.
At lower temperatures of crystallizaticn the induc-
tion period disappeared and the crystallization
started before the sample reached thermal equili-
brium, but the slow, long contraction curves re-
mained about the same.

In order to obtain more information for the rapid
primary crystallization, a few short runs were made
at temperatures from 6 to 16 degrees below the
melting points of the respective samples. The
results on the 110.000 molecular weight sample are
shown by the dotted lines in Fig. 1. The actual
experimental points of these runs have been omit-
ted from the plot as they were very close together
and fell right on the curves. The early portions
of these curves are superimposable, and the rate
increased with the lowering of the crystallization
temperature as in the case of polymethylene ob-
served by Mandelkern.

The primary crystallization of polymers can
usually be described by Avrami’s equation6

a = e~Kin @

where a is the fractional amount of the original
crystallizable amorphous phase remaining at time
t, K is a rate constant and the index n is equal to 2, 3
or 4 depending on the nature of the nueleation and
growth processes of the spherulites. The analysis
of the present data was, however, complicated by
thetfact that the primary crystallization was not
readily separable from the secondary volume con-
traction. In order to compare the crystallization
rates we used the early portion of the crystalliza-
tion curves and assumed that n was equal to 4 to
calculate the constant K. This assumption im-
plied that the nueleation of spherulite centers was
homogeneous and the growth of spherulites was
spherical with a linear radial growth rate. The fit
between the calculated and the experimental curves
consequently was confined only to the early stage
of crystallization. The experimental points' be-
came higher than the n = 4 curves at the later
stage of crystallization. The rate constants K so
calculated are listed in Table I.

In Table I, AT is defined as the temperature dif-
ference between the melting point and the tempera-
ture of crystallization. The rate constants K are
shown to decrease with the increase of molecular
weights. The unfractionated sample, based on its
viscosity-average molecular weight, seems to have
exceptionally large rate constants. Owing to the
broadness of molecular weight distribution the
number average molecular weight of the unfrac-
tionated sample was estimated to be between those
of samples 3and 4. Thus the present data indicate
that the crystallization rate depends on the num-
ber average molecular weight.

According to the treatment of Mandelkern,

(G) M. Avrami, J. Chem. Phys., 8, 212 (1940).
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Tabte |

Crystallization Rate Constant K of the Rapid

Primary Crystallization Period
Sample 1, Sample 2,
My 98,000 My 110,000
(unfractionated) (fraction)
a AT K (1/min)4 T AT
119 10 9.11 X 10~6 117 13 439 X 10'4
120 9 1.82 X 10-6 118 12 1.68 X 10-4
112 7 5.71 X 10" 119 11 3.03 X 108
123 6 7.71 X 10-0 120 10 2.80 X 10'6
122 8 2.42 X 10~9
Sample 3, Sample 4,
My 53,000 My 2,100
(fraction) (fraction)
T AT K T AT K
113 16 2.48 X 10“3 111 12 2.80 X 10*3
115 14 9.16 X 10 113 10 3.76 X 10“4
117 12 2.44 X 10“4 114 1.59 X 10“4
119 10 1.76 X 10"6 115 8 3.67 X 10-4
121 8 1.77 X 10*7

Quinn and Flory,7 log K should vary linearly with
the term (TnmYAT)2L/T, where Tm is the melting
temperature of the polymer. From the slope of
such a plot shown in Fig. 2, the interfacial surface
energy can be calculated. With the exception of
the data for the highest molecular weight sample,
the slopes of all curves seem to be independent of
molecular weight. It is not obvious that the data
of the highest molecular weight sample should have
a different slope in Fig. 2, but the uncertainties in-
volved in calculating the constant K and the fact
that a small error in the melting point determina-
tion would cause a radical change in the slopes and
the positions of the lines in Fig. 2, could easily
have caused such an anomaly. The interfacial
surface energy calculated from the three parallel
lines in Fig. 2 isin the order of 4 ergs per cm.2 This
value, though not too far from what Mandelkern,
Quinn and Flory have found for other polymers,
is small in comparison to the value found by Bur-
nett and McDevit8from the direct microscopic ob-
servation of Nylon spherulite growth.

The slow secondary volume contraction of the
present low pressure polyethylene samples is
slightly different from that of high pressure poly-
ethylene observed by Kovacs. Kovacs found that
the volume change varied linearly with the loga-
rithm of time whereas the slopes of the curves in Fig.
1 change continuously with the logarithm of time.
The tail portions of the present curves actually can
be fitted by a simple relaxation equation of the type

VAo — Wi — Ce~K't @)

where va is the equilibrium specific volume, K" is
the rate constant and C is another constant. The
data of the high temperature runs followed equation
2 at about 5,000 minutes (3.5 days) after the start
of crystallization. For lower temperature runs
equation 2 begins to fit the data as early as 2,000
minutes after the start of crystallization. The
calculated values of the constant K" listed in Table
Il are relatively insensitive to the variation of
molecular weight and temperature indicating that
a diffusion controlled process which has a relatively

(7) L. Mandelkern, F. A. Quinn, Jr., and P; J. Flory. J. Appl.

Phys., 25, 830 (1954).
(8) B. B. Burnett and W. F. McDevit, ibid., 28, 1101 (1957).
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Fig. 2—Log K vs. (1/A7)27m2/?").

large temperature coefficient is not likely to be
alone responsible for the slow volume contraction.
It is interesting to note that the long term crystalli-
zation behavior observed by Russell and discussed
by Dunning9 on vulcanized rubber also fitted an
equation similar to equation 2.

Tabte Il

The Rate Constant K' (in 1/min.) for the Tail

Portions of the Slow Secondary Volume Contraction

Sample 1 Sample 2
Temp., My 98,000 My 110,000
°C. (unfractionated) (fraction)
120 1.35 X 10“4 1.02 X 10"4
115 1.06 X 10“4 1.15 X 10"4
105 1.34 X 104 1.24 X 10~4
95 1.39 X 10-4 0.64 X 10“4
Sample 3 Sample 4
Temp., 53,000 MQ/Z,lOO
°C. (fraction) (fraction)
120 1.30 X 10~4
115 1.27 X 10“4 0.70 X 10~4
105 1.55 X 10-4 1.52 X 104
95 1.36 X 104 0.99 X 10~4

Although the tail portions of the present crystalliza-
tion curves can be fitted by equation 2, the entire
crystallization process shown in Fig. 1 is obviously
not a simple composite of the processes described
by equations 1 and 2. It is conceivable that the
secondary nucléation and the subsequent growth of
crystallites during the development of spherulites
set up stresses in the polymer. The slow volume
contraction, resulting from the decay of such
stresses is likely to be more complicated than can
be described by a single, simple relaxation equation.

(9) W. J. Dunning, Trans. Faraday Soc., 50, 1115 (1954).

RADIATION-INDUCED CATIONIC
POLYMERIZATION OF BUTADIENE1

By W. S. Anderson

Shell Development Company, Emeryville, California
Received November S, 1958

Chéapiro2 has reported that butadiene is slowly
polymerized when exposed to ionizing radiation.
Although most radiation-induced vinyl polymeri-
zations are known to proceed via free radical inter-

(1) Presented at the San Francisco Meeting of the American

Chemical Society, April 14, 1958.
(2) A. Chéapiro, J. chim. phys., 47, 764 (1950).
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mediates, there is evidence3that irradiation of well-
chosen hydrocarbon monomers leads to polymeri-
zation by an ion-molecule mechanism. We have
found that irradiation of butadiene leads to poly-
merization by the ionic route.

The infrared spectrum of polymer prepared by
electron-irradiation of butadiene at 0 to —180° is
similar to that of polymer obtained by Ferington
and Tobolsky and Lewis acid catalysis.4 With the
absorptivities of Hampton6it can be calculated that
72% of the double bonds lie in trans-1,4 monomer
units and 28% in vinyl groups. Thecis-1,4 unitsin
polybutadienes prepared by free radical initiation
absorb at 13-14 /x; this absorption is absent from
the polymer made by irradiation. If, however, an
emulsion of butadiene in 5% aqueous soap solution
is irradiated at 40°, that is, irradiated under con-
ditions suitable for emulsion polymerization of bu-
tadiene, then the resulting polymer displays the
absorption at 13-14 ~ normally expected for radical-
propagated polybutadiene.

Polymers prepared at 0, —40, —78 and —180°
have identical infrared spectra and therefore the
same distribution of double bond types. This
effect is explained as follows: lifetimes of ions in the
liquid phase are of the order of 10“2to 10 X sec-
ond,6or about the interval required for a molecular
vibration. Within this time an ion must undergo
reaction or else suffer neutralization by a thermal
electron. In such a short lifetime, a growing ion
cannot attain thermal equilibrium before neutrali-
zation or the addition of a monomer unit. It would
be expected, therefore, that the polymer double
bond distribution be Kkinetically, not thermody-
namically determined. In radical-propagated poly-
butadiene the cis/trans ratio is a function of poly-
merization temperature7 and probably lies at the
thermodynamic equilibrium value.8

Tabte |

Polymerization of Butadiene with lonizing RadiationO0

Intrinsic
Temp., Conversion, viscosity, b
°C. % dl./g.
20 G.1,6.1 11,11
0 6.7,6.2 1.4,1.3
-78 7.4,7.3 2.1,2.1

The entire; sample was exposed to 3-mev. electrons for
20 minutes; dose, 107rads. bln toluene, 25°.

Rate of radiation-induced polymerization in-
creases with decreasing polymerization tempera-
ture as shown in Table I. A negative temperature
coefficient is common among cationic polymeriza-
tions; for example, the aluminum chloride cata-
lyzed butadiene polymerization9is twice as fast at
—110° as at —75°. Radical propagation of buta-
diene requires a large positive activation energy,10

(3) W. N. T. Davison, S. H. Pinner and R. Worrall, Chemistry and
Industry, 1274 (1957); W.J. Burlant and D. H. Creen, J. Polytn. Sci.,
31, 227 (1958).

(4) T. E. Ferington and A. V. Tobolsky, ibid., 31, 25 (1958).

(5) R. Hampton, Anal. Chem., 21, 923 (1949).

0) J. L. Magee, Ann. Rev. Nuclear Sci., 3, 171 (1953);
Samuel and J. L. Magee, J. Chem. Rhys., 12, 1080 (1953); M. Burton,
J. L. Magee and A. Il. Samuel, ibid., 26, 700 (1952).

(7) F. E. Condon, J. Polymer Sci., 11, 139 (1953).

(8) M. A. Golub, ibid., 25, 373 (1957).

(9) C.S. Marvel, etal., ibid., 6,483 (1958).
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and hi this respect differs from an ion-molecule re-
action.1l It seems likely that radical propagation
in radiation-induced polymerization is defeated by
the fast coupling of butadiene radicals.12

In order to obtain high molecular weights at high
rates in the homogeneous radical polymerization
of butadiene, very high temperature must be
used.l3 However, in the radiation-induced poly-
merizations of Table 1, the highest molecular
weights are attained at —78°.  This is further evi-
dence that a non-radical mechanism is operating.

Intrinsic viscosities in the range of 1-2 dl./g. im-
ply degrees of polymerization of at least 102103
The growing ion therefore undergoes at least 102
103collisions before its neutralization. If the esti-
mated ion lifetime of 10 2to 10-14 second is cor-
rect, then the ion-molecule collision frequency in
the liquid state is, as in the dilute gas, greater than
the intermolecular collision frequency. Owing to
possible chain transfer by the charge transferldtype
of ion-molecule reaction, the frequency of ion-
molecule collisions may be even higher than that in-
dicated by polymer molecular weight.

Acknowledgment.—The author wishes to ack-
nowledge the valuable help and advice of D. P.
Stevenson, E. R. Bell, C. R. Wagner and V. A.
Campanile of the Shell Development Company.

Experimental

On a manifold equipped with a mercury diffusion pump,
degassed Phillips Pure Grade butadiene in a bulb at —78°
was distilled into tcn-ml. ampoules. The monomer was
then degassed again and the ampoules, containing about a
five-gram charge, were sealed and irradiated with 3-mev.
electrons from a van de Graaff generator. To determine
yields of polymer, the ampoules were chilled to —78°,
opened, and the contents were transferred to an aluminum
dish where monomer was allowed to evaporate and polymer
was weighed. Infrared spectra were obtained by dissolving
the polymer residue in benzene, casting a film on a sodium
chloride plate and recording the spectrum on a Beckman
IR-4 instrument.

(10) M. Morton,
(1952).

(11) D. P. Stevenson, TinaJournal, 61, 1453 (1957).

(12) C. Wwalling, “Free Radicals in Solution,” John Wiley and
Sons, Inc., New York, N. Y., 1957, p. 208.

(13) C. E. Schildknccht, “Vinyl and Related Polymers, ’
Wiley and Sons, Inc., New York, N. Y., 1952, pp. 85, 119.

(14) E. F. Gurnee and J. L. Magee, J. Chem. Phys., 26, 1237
(1957); G. G. Meisels, W. Il. Hamill and R. R. Williams, Hid., 25,
790 (1956); S. O. Thompson and O. A. Schaeffer, J. Am. Chem. Soc.,
80, 550 (1958).

P. P. Saltiello and H. Landfield, ibid., 8, 279

John

THE SORPTION EFFECT OF CELLULOSE
TRINITRATE IN CAPILLARY VISCOMETRY

By M. M. Huque,l M. Fishman and D. A. 1. Goring

The Pulp and Paper Research Institute of Canada, and M cGill University,
Montreal, Canada

Received December 1, 1058

In a recent study on the solution properties of
cellulose trinitrate2it was found that an anomalous
increase of ns,/c occurred at low concentrations.
This now familiar phenomenon has been reported by
several workers for various polymer solvent sys-

(1) Colombo Plan Scholar from Dacca, Pakistan.

(2) M. M. Huque, D. A. I. Goring and S. G. Mason, Can. J. Chem.,
36, 952 (1958).
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terns.3-9 Whether it is caused by an adsorbed
layer on the wall of the capillary4 or by molecular
expansion at low concentration87is still uncertain.
The present note summarizes results for a sample of
high molecular weight cellulose trinitrate obtained
with two multishear viscometers of different radii.
Solvents were acetone and ethyl acetate.

A sample of raw ramie nitrate was purified by solution in
acetone, centrifugation at 24,000 g, precipitation by addi-
tion of water and drying in vacuo. Solutions were made up
by weight in redistilled acetone or ethyl acetate by shaking
mechanically for 64 hours. Solutions and solvent were
clarified by centrifugation and filtration, respectively.

Viscosity was measured at 25°. Viscometers were of the
Schurz and Immergut® type having four bulbs and per-
mitting dilution in situ. Capillary radii were 0.13 and 0.28
mm. _Volumes and heights of bulbs were such that solvent
flow times of 85 to 233 sec. were obtained. Kinetic energy
corrections were made. The Kroeplin shear rate G for sol-
vent ranged from 400 to 4000 sec.-1 in the narrow capillary
and from 400 to 3000 sec.-1 in the wide capillary. From
graphs of gap/c vs. log G or log ijsp/c vs. log G values of ijgFc
at constant G were obtained.

In 11 experiments a definite upward curvature of the
j)8c vs. ¢ plot was detected 10 times. However the regu-
larity and quantitative reproducibility of the data were not
good. The irreproducibility observed was not caused only
by limitations in precision of the viscometers but indicated
differences in behavior from one solution to the next.

A set of results for solutions in acetone is shown
in Fig. 1. Data obtained with ethyl acetate as
solvent were very similar. The following general
trends were noted in all the results. (1) The in-
crease in risp/c was more marked in the small capil-
lary. (2) There was no gross effect of shear rate
on the phenomenon in the range 500 to 2000 sec.-1.
(3) The minimum value of r¥p/c appeared at a
slightly higher concentration in the large capillary.

The irregularity of the results did not allow cal-
culation of the layer thickness by the extrapolation
method of Ohrn.4 However, for acetone and ethyl
acetate solutions in both capillaries the points ob-
tained lay approximately on theoretical curves de-
rived by assuming an adsorbed layer of 500-1000 A.
on the walls of the capillary.

No consistent evidence was found of a decrease
in Vsp/c at very low concentrations. This indicated
that the layer, once adsorbed, did not desorb when
more dilute solutions were run through the capil-
lary. This point was tested further by rinsing out
the viscometer with solvent after the run and tak-
ing an efflux time for solvent. This efflux time was
higher than the efflux time taken before the run.
In one case the difference persisted after rinsing the
viscometer three times with solvent. The efflux
time returned to its usual value when the viscome-
ter was cleaned with chromic acid. The equivalent
thickness a of the adsorbed layer was computed
from

red
at (1)

where r is the radius of the capillary and At is the

0

(3) D. J. Streeter and R. F. Boyer, ./. Polymer Sei., 35 (1954).
(4) 0. E. Ohrn, ibid., 7, 137 (1955).
(5) M. Takeda and R. Endo, T his Journat, 60, 1202 (1950).

0)
(1957).
(7) T. Kawai, K. Saito and W. Krigbaum, ibid., 26, 213 (1957).

(8) 0. E. Ohrn, Arkiv Kemi, 12, 397 (1958).
(9) S. Gundiah and S. L. Kapur, 3. Polymer Sei., 31, 202 (1958).
(10) J. Schurz and E. H. Immerguh, ibid., 9, 279 (1952).
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¢ X 103(g. dl.-1).

Fig. 1.—Anomalous increase of v.p/c at low values of ¢
for cellulose trinitrate in acetone. The [7] values obtained
by extrapolation of the linear portion show some shear
dependence in contrast to previously published data.2 The
present range of shear is about 4 times that used previously.
From the above data, the shear dependence can be com-
puted over the range 300 to 700 sec.-1 as previously studied.
The resulting spread in [ij] corresponds to the small error
of £+1.5%.

difference in the efflux time t before and after the
run. Values of a are shown in Table I. With the
exception of one experiment, they lie between 500
and 1000 A.

Table |

Thickness of Adsorbed Layer Calculated from

Increase on Solvent Efflux Time after Run

Capillary
radius a
Solventi (mm.) (A)
Acetone 0.28 700
Acetone .13 900
Ethyl acetate .28 300
Ethyl acetate .13 600

From relationships obtained in a previous study,?2
the weight average molecular weight and Z-average
root meancquare radius of gyration were 2.2 X 106
and 1600 + ., respectively. Thus the adsorbed layer
was probably no thicker than one molecule unless
it was formed by the preferential adsorption of
smaller molecules. If one molecule was assumed
to occupy 11¢ 4 .1 of surface, the maximum weight
in a monolayer over the complete inner surface of
the viscometer would be approximately 11-5 g,

C. A. F. Tuijnmau and J. J. Hermans, J. Polymer sei., 25, 385 i-6., 0.5% of the cellulose trinitrate in the volume of

solution added. Therefore effects due to concen-
tration changes probably are small. For a given
value of ain eq. 1, At increases as r decreases. With
fine capillaries this effect could be used to study the



768

dimensions of adsorbed polymer layers in systems
where such small changes in concentration are dif-
ficult to measure.

Finally it should be pointed out that the irrepro-
ducibility from solution to solution supports Ohm's
adsorption theory. If the effect were due to some

Communication to the Editor
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fundamental hydrodynamic change in the solution
there should be no difficulty in reproducing it. On
the other hand, an adsorption process would prob-
ably be sensitive to variable traces of water or dis-
solved gases in the solvent as well as to the condi-
tion of the glass surface of the capillary.

COMMUNICATION TO THE EDITOR

THE PREPARATION OF MONODISPERSED
EMULSIONS
Sir:

A method has been devised for preparing oil in
water emulsions of narrow size distribution, as
indicated by the presence of the colors of the higher
order Tyndall spectrum.l Basically, the method
consists of generating a monodispersed aerosol in
either the Sinclair-La Mer,2 or the Rapaport-
Weinstock generator,3 charging the particles by
passing them through a corona discharge,4 and
bubbling them into a vessel containing an elec-
trically grounded bulk phase. The dispersed
phases have been paraffin oil, Nujol, mercury, and
dioctyl phthalate. The choice is limited to com-
pounds insoluble in water which have vapor pres-
sures low enough at room temperature for a stable
aerosol to be prepared. The average particle
radii cover the range 0.05 to 0.9 micron; extension
to larger and smaller sizes can be accomplished
easily.

The bulk phase can be pure water or contain
an emulsifier, except in the case of an oil which
spreads on the surface of pure water. In this case
enough emulsifier must be added to lower the sur-
face tension of the bulk phase sufficiently to pre-
vent the oil from spreading. Two emulsifiers
have been used, Triton X-100 (Rohm and Haas)
and Myrj-52 (Atlas Powder Company).

The rate of emulsification depends on the con-
centration of the original aerosol, the magnitude
of the charge on the particles, the surface tension
of the bulk liquid, and the geometry of the bubbling
device used to introduce the aerosol into the
liquid.

(1) 1. Johnson and V. K. La Mer, J. Am. Chem. Soc., 69, 1184
(1947).

(2) D. Sinclair and V. K. La Mer, Chem. Revs., 44 245 (1949).

(3) E. Rapaport and S. Weinstock, Experientia, 11,363 (1955).

(4) G. Goyer, R. Gruen and V. K. La Mer, This Journat, 58, 137
(1954); A.E.C. Handbook on Aerosols, Washington, D.C., 1950.

The number concentration of the aerosol is im-
portant since it limits the ultimate concentration
which can be attained in reasonable time. The
Rapaport-Weinstock generator is to be preferred
in this respect because the aerosol number concen-
tration is generally higher. However, it needs
modification to permit the dispersion of solids,
whereas many solids may be dispersed with the
Sinclair-La Mer generator.

The rate of emulsification is low if the aerosol
particles are uncharged, but rises rapidly when a
few charges are placed on each particle. Further
increase in the magnitude of the charge may in-
crease the rate slightly, but the effect is too small
to be observed in the experiments performed to
to date. Decreasing the surface tension increases
the rate of emulsification.

The geometry of the bubbling device determines
the efficiency of the emulsification. The number
of particles entering the interface depends on the
size of the bubbles and the time the bubbles remain
in the liquid. The emulsion cell consists of four
capillary tubes evenly spaced around the bottom
of a 250-ml. beaker, fitted with a magnetic stirrer
which reduces the size of the bubbles appreciably
due to the shearing effect of the moving liquid.
A flat disc, placed directly over the stirring magnet,
increases the time required for the bubbles to rise.
A single capillary tube with the gas bubbles di-
rected toward the stirring magnet also is satis-
factory.

At present we are preparing emulsions using as
disperse phases sulfur and stearic acid, studying
the quantitative relationships of the variables in-
volved, and increasing the efficiency of the emulsi-
fication method. A study of the effect of emulsifiers,
size and charge distributions upon the properties
of emulsions is contemplated.

Columbia University Ronald E. Wachtel
New Y ork 27, N. Y. Victor K. La Mer

Received April 1, 1959
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