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THEORETICAL PATHWAYS FOR THE REDUCTION OF N2MOLECULES IN
AQUEOUS MEDIA: THERMODYNAMICS OF NZAHrl

By Norman Bauer

Chemistry Department, Utah State University, Logan, Utah
Received April 1, 1959

From an estimate that the hypothetical gaseous anion N ,- would lose its electron with the liberation of at least 63 keal./
mole, from the assumption that its free energy of hydration would equal that of 02_, and from thermodynamic data on
hydrazine and oxygen, it has been deduced that the as yet unobserved free radical N2H should be moderately stable and
should require at least 32 kcal./mole of free energy for the removal of its H atom. Estimates of electron affinities, of pro-
ton and of H-atom dissociation free energies for free radicals, molecules or anions of the type NHn (» = 1 to 3) were also
obtained; and these quantities proved to be consistent with the known reduction potential of the N2 NZHfco+ couple.
The results suggest that, under special conditions favorable for the stabilization of the anions N2m and NZHn*,_, the reduction
of N2to NZH(,,, may be able to proceed through free radical intermediates by a succession of electron, water, proton cap-

tures.

I. Introduction

The extraordinary stability of the N2 molecule,
reflected in its dissociation energy of 225 kcal./
mole, indicates the difficulty of producing nitrog-
enous compounds from elementary nitrogen.
Nevertheless, the fact that either nitric acid or
ammonia in dilute aqueous solution is thermody-
namically stable under ordinary conditions intrigues
us with the possibility of oxidizing or reducing
aqueous N2 Furthermore the challenging fact
of biological N 2fixation tells us that the rate of
some such process is not impracticably slow. The
crucial mechanisms of the first several steps in this
fixation are unknown.2-4

In the present study we attempt to deduce
thermodynamic limitations on conceivable free
radical mechanisms of biological N2fixation from
theoretical estimates of electron affinities involved
in a series of one-electron transfers which would
yield N2H,, in an aqueous system. The conception
followed here is somewhat parallel to Gorin's

(1) Paper 111 of the series “Physical-chemical Studies of Biological
Nitrogen Fixation,” supported by a grant from the Herman Frasch
Foundation. Ref. (4) is paper II.

(2) (@) W. D. McElroy and B. Glass, eds., “A Symposium on
Nitrogen Metabolism. Function of Metallo-Flavoproteins,” The
Johns Hopkins Press, Baltimore, 1956; (b) M. K. Bach, Biochim. et
Biophys. Acta, 26, 104 (1957).

(3) J. E. Carnahan and J. E. Castle, J. Bacteriol., 75, 121 (1958).

(4) N. Bauer and R. G. Mortimer, Biochim. et Biophys. Acta, 40,
170 (1960).

idea6 that the formation of the anion 02 is the
first and slowest step in oxidations by hydrated
molecular oxygen. The results below are only
tentative (cf. Sec. V), but the combination of
principles used should eventually yield definite
answers.

Il. “Electron Affinity” of Gaseous N2—The
properties of N2and of nitrogen compounds imply
that a large investment o: energy would be required
to create or stabilize the anion N2-, if indeed it
can exist. We shall try to estimate an upper limit
for the hypothetical electron affinity of N2 Tn,
defined as the energy change for reaction 4, below.
This requires an upper limit for Z>n2~ the dissocia-
tion energy of N2>~ according to (1), which we shall
assume is given by Dno = 150 kcal./mole for the
isoelectronic nitric oxide.* It seems to be a reason-
able working hypothesis that Z)n2 should be no
greater than Z>no because the nuclear or core
charges in N2 are smaller than in NO, hence are
less capable of keeping -he outer electrons in the
“binding region” defined by Berlin.7 The upper
limit of vin, the electron affinity of atomic nitrogen,

(5) M. H. Gorin, Ann. A" Y. Acad. Sci., 40, 123 (1940).

(6) G. Herzberg, “Molecular Spectra and Molecular Structure. |I.
Spectra of Diatomic Molecules,” D. Van Nostrand, Inc., New York,
N. Y., 1953, p. 558; A. G. Gaydon, “ Dissociation Energies and Spectra
of Diatomic Molecules,” John Wiby and Sons, Inc., New York, N. Y.,
1947, pp. 164-165; G. G. Cloutier and H. I. SchifT, J. Chem. Phys., 31,
793 (1959).

(7) T. Berlin, 3. Chem. Phys., 39, 208 (1951).
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in eq. 3 is set by the theory of Rohrlich8since a
higher value is not compatible with other esti-
mates9 or with the failure to observe N- in mass

spectra. Accordingly, we have

X2- — > Xg+ Xg- Ds, < 150 kcal./mole
Xg + Xg— > X2 - Ds, = -225

N.~ — > X, + eg- As < 12

X2,- — >maXyg + eg- A4n, < 63; ie., —4n, ™ 63

Equation 4, in harmony with general expectations,
means that gaseous N2 would be exceedingly un-
stable.

Id. Possible Stabilization of N2- and the N2
N2 Electrode Potential.—An anion unstable in
the gaseous state is not unprecedented in chemical
reactions; and Fajansl0 has stressed the role of
cations or dipoles in stabilizing negative groups
such as O'2°. In the case of N2~ we wish to see
if the forces of hydration may be sufficient to give
this anion sufficient stability in aqueous systems
for its existence at least as a fleeting intermediate
between N2 and its protonated counterpart, N2H.

02 + em(pt)- — > 0j.q-
em(Hs. i*)" — >s em(pt)"
A Pm(Hg. 1%)
02- — "m0y + eg-
02- >a 0 2a0

This is conceivable because most known hydration
energies of simple anions exceed the 63 kcal./
mole required to stabilize N2*.

We shall estimate the standard free energy of
hydration of gaseous N2~, AFV n.-, by making the
reasonable assumption that it equals AFVoj-,
1.e., is identical to that of the quite similar 02- ion.
Such an assumption should not be off by more than
afew kcal./mole, in view of the fact that AF\values
for the halidesll (CI- = —84, Br- = —78, |- -
—70 kcal./mole) differ by so little in spite of large
differences in size and polarizability.

Using the standard oxidation potentiall2 for
02 0 + empt)- of FAEf8 = +0.56 v., one
may deduce AF°h,02 by following the reasoning of
Latimer, Pitzer and Slansky,1l and of Latimer,12
according to eq. 5-9 below. We shall use £//&
= —0.56 v. for the absolute oxidation potentiallll3
of the standard calomel electrode, where FAe?9L =
—0.2676 v. for its potential relative to the hydrogen
electrode. We also use +0.02 v. for the transfer
of an electron from Hg to Pt metals (volta poten-
tial)13-15; L.e.. Ferd,ox(Pt) = F°abs.ox(Pt) +0.272v.
at 298°K. In accordance with Brewerls we use

18) K. Rohrlich, 3. cherrt. phys., SO, 1008 (1959).

(9) H. S. W. Massey, “Negative lons,” Cambridge University
Press, Cambridge, 2nd Ed., 1950, p. 3, p. 20.

(10) K. Fajans, c.himia. 13, 354 (1959).

(11) W. M. Latimer, K. S. Pitzer and C. Al. Slansky, ./. chem
Phys., 7, 108 (1939)

(12) W. M. Latimer, “Oxidation Potentials. The Oxidation States
of the Elements and Their Potentials in Aqueous Solutions,” Prentice-
Hall, Inc., New York, N. Y., 2nd Ed., 1952.

(13) R. E. Wood in “Electrochemical Constants,” U. S. National
Bureau of Standards Circular 524, U. S. Department of Commerce,
Aug. 14, 1953,

(14) O. Klein and E. Lange, z. Elektrochcm ., 44, 558 (1938).

(15) B. E. Conway, “Electrochemical Data,” Elsevier Publ. Co.,
New York, N. Y., 1951, p. 31.
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102.1 kcal./mole for the standard free energy of re-
moval of an electron from Hg,* in contact with
water vapor, instead of 104.5 kcal./mole for removal
from dry liquid Hgi.
The electron affinity of 02 used to get
AF°@®, is still subject to controversy.l7
We are inclined to use A = 20 kcal./mole
in the present study not because its abso-
4 lute value is necessarily the correct one
but because, being deduced from related
thermochemical data, it is more apt to be consist-
ent with the electrode potential E',-02 used for
AF°(5) than an electron affinity for 02deduced from
spectroscopic arguments involving as yet uncon-
firmed excited states. This choice seems to be
justified by the result that if the alternative value
of Ao, is used below, the unreasonably large value
of 93.5 kcal.,'mole for —AF°h,02 is obtained. To
convert Ao, to AF°w, the Sackur equation was used
for the standard entropy of an electron gas, .8" /8 =
3.6 e.u. Then, by ignoring the undoubtedly very
small difference in vibrational and rotational en-
tropy between 02and 02, we have at 298°K.

(5)

AF° -0.5 (6)
AF° - 1021 (7)
AF° = 40, - TSV.* = +18.9 (8)
AFVor = -77.0 9)

In this and following calculations we retain all
numbers to the nearest 0.1 kcal./mole even though
the absolute values in most cases are far from that
reliable. In that way certain small differences or
trends in relative quantities may be correctly cal-
culated at a later stage. Also, a nhumber of small
terms (€.g., AF°M) are included for clarity of thought
and for showing how to make better predictions as
improved data become available.

The above value of AF°b,02 = —77.0 kcal./mole
is quite reasonable when compared to those of the
halide ions quoted above, considering that 02 in
aqueous systems should resemble the halide-like
CN-. Thus we can use AF°h,N2 = —77.0 and
—An, > 63 kcal./mole in equations analogous to
(5)-(9) to calculate —AF° > 89.7 kcal./mole for
the electrode process N2g- N + empt)“. Ac-
cording to the above method of absolute electrode
potentials, this means that the standard oxidation
potential of the couple N2x+, N2is FQei,O0F > +4.16
v., relative to H2 Hag+. Such a large E’iel0value
suggests that hydration alone is not sufficient to
give N2- an adequate stability for playing a role in
chemical reactions; but that N2,- may become
moderately stable when situated near some addi-
tional positive charges.

V. Stabilities of NH,,-Type Molecules, Radi
cals and Anions.— We expect that molecules of the
type N2H,,, and their corresponding anions, would
be produced from N2g- by proton capture and
subsequent further reduction by electrons or H-

(16) L. Brewer in “The Chemistry and Metallurgy of Miscellaneous
Materials: Thermodynamics,” L. L. Quill, ed., McGraw-Hill Book
Co., New York, N. Y., 1950, p. 156.

(17) R. S. Mulliken, phys. rev., 115, 1225 (1959); H. O. Pritchard.
chem. Revs., 62, 529 (1953). Note that Mulliken does not take into

account the recent upward revision of Dxs in criticizing Pritchard’s
application of the “Mulliken Rule."
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atoms. In the following we will make an estimate
of H-atom dissociation energies and other trends
of behavior in the series NH, NAH2 NZH3 NJtL.

This is, as far as we know, the first attempt to
eyaluate the stability of the free radical NZH.
Concerning diimide (or “diazene”),88 N2H2 the
molecule has been observedld in mass spectra
and it has been postulatedi3 as an intermediate In
the oxidation of aqueous hydrazine; while Paul-
ingd has speculated about the structure of NZH2
Diimide also has been postulated as the first inter-
mediate in a reduction mechanism of N2fixation.'2l
The salt NaN2H3 is known and the radical (*hy-
drazyl,” 8 or HN2 “hydrogen pernitride”) has
also been postulatedB as an intermediate in hy-
drazine oxidation. However, the free energies of
formation or of bond dissociation have not been
established for the above three NAI,; and even
the thermodynamics of NZH4 requires further
analysis.

Thermodynamics of NZ2H,,

835

certain free energies of proton dissociation, of
hydration and of electron capture, derived below.

(b) Free Energy of Proton Dissociation from
NH4—We can estimate this quantity from
Pleskov's® potentiometric studies of NaNZH3 in
liquid hydrazine. He found ks = 2 X 10~ for
2N2H4&av X2H*oiv- +XJlssoivl, whichis close
to that for the corresponding reaction in water
according to an application of the well-known Born
theory of hydration energies. According to this
theory, the free energy cf proton dissociation from
NZH4 should be only about 0.0065 X 175 12
kcal./mole more favorable in water than in liquid
hydrazine owing to the similarity of dielectric
constant ratios (e — 1)/« for water (0.987s) and hy-
drazine (0.9810 if we assume the total solvation
energy of NH5+ and N2H3~ to be 175 kcal./mole
(analogous to K + and Br~) and neglect presumably
small entropy differences. Then we can make
the estimate

2N2BU N2H3ag + N.lhV AF° = 33.6 - 1.2 = +32.4 kcal./mole a7)
N 2n s, Hag+ + N2H4xq AF° = +10.9 (18)
N2H4 *N2HaQ + Hag Af+.ifjHi = +43.3 (19)

(@ Free Energy of H-Atom Dissociation from
NZH4—Latimer2 has estimated an upper limit of
0.6 v. for the standard reduction potential of the
N2H3 NZH5+ couple from the experiments of
Cuy and Bray.2 The following equations 10-16
then give an upper limit for the dissociation free
energy of H from N2H4 using data for AF() and
AF°«3 from standard reference works.223 For
AFV>, an estimate probably reliable to 0.1 kcal./
mole was made from the known standard free energy
of condensation of hydrazine (—2.4 kcal./mole)Z3
and from the known heat of solution of hydrazine
and water,24 using the method of Hildebrand and
»Scotts which required the thermal expansivity of
aqueous hydrazine. 3 It was assumed that
—AF°(J9 = 3A/"°(14Y 4 because the free energies of hy-
dration of NZH,, gs must be almost entirely at-
tributable to dipole interactions along N...H

(¢) Free Energies of NH,~ Anion Hydration.—
We postulate that AP°h of NZH n~will increase slowly
with increasing number of H-atoms because of the
polarity of the N2 ..H bond and the asymmetry
of the NZH4 molecule (unx, 18 d.). Let us
estimate the maximum polar effect per added H-
atom as an average of 36. 4 0.9 kcal./ mole,
where 3.6 represents the known AF° of mixing
N»H4 and HXDD. Accordingly, for XHK- —=m
NHag~; AFh = —77.0 — 0.9 = —77.9kcal./mole.
For the other anions in the series the values of
AFh are: NZH2~- —78.8; NH3Z —79.7.
The uncertainties in the above increments tend
to cancel in applications below, such as in eq.
20-28.

(d) Electron Affinities of Gaseous NH,.—We
seek to place an upper limit on the electron affinity
of NH, 24 x.n, for this will determine the lower

bonds. Then we have limit of the N2 . .H bond dissociation free energy.
[g— > 34 lsaq + 2H, + Cm(FY) - APhei < 13.8 kcal./mole  (10) ﬁ,a!g\sﬁ:qllmg nf;rihzr?lfrfrisng
Nl + Ha+—> '7\'/2:;‘_” zgfrel : 6})0.9 211;)) evaluated from the following evi-
emt+ WA g APore < 48.6 (13) dence and combined with the
Hgaa » = . - - -

Zﬁg _Ng’Hiaq AF° = -6.0 (14y  Previously derived An, to give
NH3xg N H* AF° = +4.5 @s)  the limit for Anh- In this part
. (d), Ae°h refers to energy of hy-

N2Hi, aNHZ + Hg AF° < 50.0 (16)

In order to deduce the corresponding quantities
for NH3 NZ2H2and N2H we shall need estimates of

(18)
(1954).

(19

(20

(1)
(1949);

(22
(1924).

(23) L. F. Audrieth and R. A. Ogg, “The Chemistry of Hydrazine,”
John Wiley and Sons, Ine., New York, X. Y., 1951

(24) V. C. Bushnell, A. M. Hughes and E. C. Gilbert, 3. Am. Chem.
Soc., 69, 2142 (1937).

(25) J. H. Hildebrand and R. L. Scott, “The Solubility of Non-
electrolytes,” Reinhold Publ. Corp., New York, N. Y. 3rd Ed,,
1950, p. 139.

J. W. Cahn and R. E. Powell, 3. Am. Chem. Soc., 76, 2568

8. X. Foner and R. L. Hudson, J. Chem. Phys., 28, 719 (1958).
L. Pauling, 3. Am. Chem. Soc., 63, 3233 (1935).

Cf. A. I. Yirtanen and M. Hakala, Acta Chem. Scauri., 3, 1044
and ref. 2a, p. 332.

E. J. Cuy and W. C. Brav, ./. Am. Chem. Soc., 46, 1796, 1810

dration, not to a difference in
electrode potentials.

UriZ has deduced the value —136 kcal./mole
for the sum (AF(,no,— Aho,), which is in thermo-
chemical accord with the H. . .02dissociation energy
of 36 kcal./mole and the H...021l dissociation
energy of 102 kcal./mole. This provides a value
of Aho, < 60.5 kcal./mole, ifwe take —A ///,ho, <
75.5 which is the mean of the values estimated for
02 bv Evans and UriB and by this author from
AF°l,0,- —77.0 (Sec. Ill) and from ASYo,- =
—15 eu. We note that AFtho- provides a iower
limit for the hydration energy of HO> because the

(26) V. A. Plesknv, -Irf.i Physicochim. V. R. s. S., 13, 6G2 (1910).

(27) N. Uri, Chem. Rev.,., 50, 375 (1952).

(28) M. G. Evans and N. Uri, Trans. Faraday Soc., 45, 224 (1949).
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latter must have additional interaction with water
owing to the polarity of H. . .02_. Thus we know
an upper limit for the difference in electron affinities
of HO2 and 02; AAo,hg < 60.5 —20.0 = 405
kcal./mole. That is, the result of adding an H-
atom to O: is to enhance the electron affinity by
about 40.5 kcal./mole, an effect we would expect
from the fact that this is equivalent to embedding
some positive charge within the electronic system
of 02-. The corresponding effect of adding an
H-atom to N2 should not be as large as that of H
in HO2 This follows from a consideration of the
electronic charge which would be transferred to a
proton penetrating the electronic system of N2~ and
of 02~. Fajans and Bauerz have shown that the
charge transfer is an asymptotic function of the
polarizability of the anion, for noble gas structures.
In this analogous case the polarizability of N2~
would be greater than that of o 2~ because of its
lesser nuclear (core) charge; and would provide
the greater neutralization of protonic charge.

We thus tentatively conclude that AAn,.n3h <
AAo0,ino,; that is, ¥n,n —An, < 40.5 kcal./mole.
From Sec. I, —An, = 63.0, so —Anh > 225
kcal./mole.

Independent evidence that the above value of
An,h is substantially correct may be derived from
equations (20) to (28), which give an estimate of
the related quantity An,h,-

N 2H 3g- — ~ NiH3qg-

N2H3q- + If,,,+ — > N2lj.q

N 2H ,aq ~ Nslhg J
N 2H iE — > N2H 3y + Hga,

Hgas > 'AHjg H
‘AHjg — ~ Hag+ + em(Pt) J
em(Pt) em(Hg.la) i
Pm(Hg.ia) ~ eg )
N 2H 39~ >aN2H3g + eg-

Neglecting the undoubtedly small differences in
entropies between N2H3g and N2Hzg, the electron
affinity of N2H3y is given by —AnjH« = —AF0A
—TiS%e-g > 6.8 — 1.1 = 5.7 kcal./mole. This is
consistent with the idea that the more H-atoms
added to N2 the greater the electron affinity. It
also gives the reasonable result that the first El-
atom added shows a greater effect than subse-
quent ones. The consequent greater stability of
N:2Hs-, relative to that of N2H~, is consistent with
the known properties of NaN2H3 If we assume
that An,h, lies midway between that of N2H and
N2Hs we have these approximate values for the
entire N2H,, series: —AN > 63.0; —An,h > 22.5;
—An,11, ~ 14.1; —An,h, > 5.7 kcal./mole.

NjHg + ee- — > N2Hg*
N2He- — X 29 + Hgas—
Hg,- - > Hgas + ek

N 2Hg J—
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Since we need merely a lower limit for AF°@3)
to establish the stability of NZH, it suffices to
approximate the lower limit of the potential
energy liberated by polarization interaction be-
tween N2and H_, 4p as well to approximate the
upper limit of the corresponding entropy change in
reaction 30. Although at large N2 . .H_ separa-
tions there must be a very small polarization at-
traction, the distance between H_ and N2 cannot
become sufficiently small for setting up an ordinary
bond, owing to transfer of negative charge from
H- to the dipole induced in N2 This follows
from the exceedingly great deformability of hy-
dride ion (molar refraction = 37 cc./mole). Thus
we have —$p = 0.0, or somewhat greater, as a
condition for the lower limit of interest. A liberal
estimate of the upper limit for AiS’(3) would be the
gain associated with three translational modes of
H, since a small amount of rotational and vibra-
tional entropy is also lost. That is, A8°() < 26
e.u.; and Tas°w) < 7.8 kcal/mole at 298°K.
Since in reaction (31) Ah = 17.2 kcal./mole is
known,6 we have for the dissociation of H from
NH: AF(2 > 225 + 0.0 -7.8 + 17.2; AF°d,n,..h
> 31.9 kcal./mole.

We now know the N2 ..H dissociation free
energv for the two extremes in the series N2 . .H-

(>31.9); N:H...H, N:H....H; N2H3...H-
(<50.0). It seems reasonable to assume a uniform
aF° = -79.7 (20)
AF° = -43.3 (21)
AF° = +6.0 (22)
AF° < 50.0 (23)
AF° = -48.6 (24)
AF« = +6.2 (25)
AF° = 0.5+ rSe-(Po - TSe-(H) (26)
AF° = +102.1 27)
AF° < -6.8 (i.e., -AF° > 6.8) (28)

gradation of AF°d values in the series in view of the
small differences involved. In that case, the other
values are: AF@,nHs= 37.9 and APd.n.h, = 43.9
kcal./mole. Fortunately, independent data are
available for comparison with the average N2H,,_i
...H dissociation free energy, Ar-a n,h,caica =
(319 + 379 + 439 + 50.0)/4 = '40.9 kcal./
mole calculated from the above theoretical esti-
mates. The uncertainty in AFDNHcaod is
at most only about *4 kcal./mole if AF°d,n,h<
AF°nN,N,n, as expected, for then the average value
is confined within rather narrow lower and upper
limits. The necessary thermodynamic data for

‘DNHiexp are to be found in the reference work

arF» & —4nih+ TSV.g (29
AR _$p _ paSdnh (30
AF° = An - Ts\-.0Q 3
A 32)

(e) Free Energy of H-Atom Dissociation fromof Latimer®2 and of Audrieth and Ogg,2 and are

N2, —From equations (29) to (32), the stability
of NH with respect to H-atom dissociation may
be evaluated.

(29) K. Fajans and N. Bauer, J. Chem. Pkys., 10, 410 (1942).

summarized in eq. 33-36;

eg. 33 has been cor-
rected for the hydrolysis of N2H4

Accordingly, the average per bond is a b .n,H. exp
= 157.6/4 = 39.4, which agrees well with the theo-
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N At<eq mdeade — > 211, + N2

N2H,g A r2Haq ndeade
2Hig — > 4Hp
NZH4y —  Nig+ 4llga

retinal value of 40.9 kcal./mole.
.(f) Free Energy of Proton Dissociation from

AF°pn,h. for the dissociation of a proton from
scheme

NJI, — > N2g + Huoga
N2g + eg~ — >aN2g_

Hga* ~ 2 2H2g

‘I12H g — > Hag+ + GmCHg.l*)
6m(Hg.I*) ~ 69

N, - — > Nj.,"

N 2H aq — > N2Hg

N 2H aq N,.,,- + +

By the same method, the results for the other two
NZH,, are

N2i2eq— >mNZXHaq_ + Hagt; AFV.NjHj = +46.8
N2H2g— > NHag~ + Hag+; AF°p.n,hi = +45.0

(45)
(46)

It may be concluded that each of the NZHnNn~
anions, and N2~, has an enormous affinity for a
proton in an aqueous system; and that the proton
affinity increases in the series N2H3xq_, N2H2g-,
N2Hag- , N2agr, with a large jump between the last
two members.

V. Summary of Thermodynamic Properties

and Conversion of N2 to NH,.—Table | sum-
marizes the tentative values at 298°K. of electron
affinities, A, the standard hydration free energies
AFhx and AFQO" - of the neutral NZH,, and NH,,~
anion, respectively; the N2H,-i...H bond dis-
sociation free energies, AF°d; and the (N2H,-,~
. =.H+)ag proton dissociation free energies, AF°p,
obtained above. Some of these quantities are
upper or lower limits (c/. text). The absolute
values of AF°hx probably are correct within 0.1
kcal./mole; but the uncertainty in some of the
other absolute values may be ten to hundreds of
fold larger, depending on reliability of the assump-
tions and the data. However, all values are given
to the nearest 0.1 kcal./mole to allow proper cal-
culation of significant differences and trends.

It should be emphasized that major working
hypotheses on which these results are based
[(A) Dn,- < Zno; (20 APhNt- = AFVo,;; (3)
AAn,n,h < Allcmio,] have different degrees of
plausibility, and as yet have to be assessed in
terms of various trends and tests of self-consist-
ency (c/. Secs. 11-V) rather than on an absolute
basis, since the molecules or ions in question are
not directly observable. Likewise, certain espe-
cially important experimental values (e.g., Ao,
relative to e-0,-.0,; Ano. relative to Ao,; AF°(10)
are subject to substantial revision. However,
the various quantities are locked together in such
a way that the trends and over-all results do not

Thermodynamics of NZH,,
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AF° = —30.7 kcal./mole 33)
AF° = -6.0 (34)
AR» = +194.3 (35)
AR« - +157.6 (36)

H,.—The preceding results allow calculation of

'H,, in an aqueous medium, according to the
AF° > +31.9 kcal./mole 37
AP > +64.6 (38)
AF° = -48.6 (39)
AP = +6.7 (40)
AF° = +102.1 (41)
AF° = -77.0 (42)
AF° = +15 (43)
AF°p,n,h > +80.7 (44)

Tabre |
Estimated Thermodynamic Properties of N2ana N,

M otlecules, Radicals and Anions

N, N, I N,H, N, I, NI
A, kcal /
mole -64.1 —22.5 -14.1 — 5.7
AF°h.x-  -77.0 —77.9 -78.8 -79.7
AF°b.x - 15 - 3.0 - 45 -6.0
AFE°d 31.9 37.9 43.9 50.0'
AF°p 80.7 46.8 45.0 43.3
“ Experimental quantities.

seem very sensitive to revisions of absolute values.

The values in Table | can be used to predict the
electrode potential for the reduction of N2to aque-
ous hydrazine by a succession of one-electron
captures followed by hydration and proton capture.
Following the method of absolute electrode po-
tentials (c/. Sec. 11I) we have 19 steps similar to
those given in eq. 37-44; and finally obtain AF°axs
= —b5.0 kcal./mole for the reaction N2 + 5Hag+
+ derqpt_ N2H5g+, which is equivalent to
+0.22 v. for the predicted standard oxidation poten-
tial, Faxreicaic This compares very favorably, but
possibly fortuitously so, with the experimental
value2 FVreiexp = +0.23 v. for the NZH%xqt,
N2 couple. At least, Table | represents a self-
consistent set of thermodynamic quantities which
provides a framework for the analysis of successive
steps in the possible reduction of aqueous N2

Note added in proof.—A recent generalization by K.
Fajans [Chimia, 13, 360 (1959)], consistent with his quan-
ticule theory of chemical hinting, lends considerable sup-
port to the first major working hypothesis on which this
paper is based (i.e., to Dn,- < Dso): “Of two core pairs,
the one with the greater total positive charge (Z+) is bound
more strongly by the same quanticule.” This rule was de-
rived from data on diatomic molecules and ions containing
a total of 9, 10 or 11 valence electrons, hence should be ap-
plicable to the case of N2“(2 + = 10) and NO(Z+ = 11).

Acknowledgments—1 wesh to thank Dr. G.
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This paper discusses the osmotic pressure and salt distribution coefficients in the Donnan membrane equilibrium.
tions are derived between these virial coefficients and the thermodynamic potential of the colloid.
particles the results in the Donnan, the Oebye-Huckel and the Gouy-Chapman model are compared.
In the Gouy-Chapman model the assumption of pairwise ad-

underlying these three models are found to be self consistent.

Rela-
For spherical colloid
The assumptions

ditivity of potentials of average force between three interacting ions leads to significant errors in the evaluation of the

relevant virial coefficients.

Introduction

This paper extends a previous application:z of the
McMillan-Mayer-Hill statistical solution theorys4
to the Donnan membrane equilibrium. We con-
sider an aqueous colloid solution (inside solution),
separated from a 1-1 salt solution (outside solution)
by a semipermeable membrane through which
only water (component 1) and small ions may pass.
The electroneutral colloidal electrolyte (component
2) has one ion species in common with the salt
(component 3). pP\is the number of molecules of
component i per unit volume of inside solution, pj*is
the corresponding concentration in the outside
solution. The intensive thermodynamic proper-
ties of the system are described by p2 the uniform
temperature T and the chemical potentials m and
p2 which are also uniform in the system.

The excess osmotic pressure x across the mem-
brane can be expanded in powers of ps

~ = P.+ T, B»PS 1)

n>2

Similarly, the salt distribution can be expanded

A= 1+ E (2)
B n>I

The virial coefficients Bnand A,, are related to “clus-
ter integrals” depending on the potential of average
force between certain sets of particles in the outside
solution and, hence, are functions of T, /u and p3
Expressions for B2 B3 A4 and A2are given in |5
In the application of these exact, formal expres-
sions to real systems one assumes a model for the
potential of average force. Hille has given an
elaborate discussion of the Donnan model and of the
Debye-Huckel model of electrolyte solutions. The
results are subject to the well known restriction
that the variation of the local electrostatic potential
(due to the non-uniform ion distribution) be suf-
ficiently small. This restriction was removed in
paper | which deals with the Gouy-Chapman model
as applied to Donnan systems containing spherical
particles with a high surface potential. In the fol-

(1) A laboratory of the Western Utilization Research and Develop-
ment Division, Agricultural Research Service, U. S. Department of
Agriculture.

(2) p. Stigter and 7
after denoted by I.

(3) W. G. McMillan and J. E. Mayer, J. Ckem. Phys., 13, 276
(1945).

(4) T.L.Hill, J. Am. Chem. Soc., 80, 2923 (1958).

(5) In the notation of | Ai = & and Az = 621 — 2 &o&!.
(6) T. L. Hill, Faraday Soc. Disc.. 21, 31 (1956).

L. Hill, This Journar, 63, 551 (1959); here-

lowing a numerical comparison is made between
the results for B2and A Lin the three models.

It appears that certain relations exist between
the two sets of virial coefficients. At present these
relations are used mainly to investigate some prop-
erties of the Gouy-Chapman model.

Thermodynamics

Equation 1 yields for the activity coefficient y2
of the colloid in the inside solution2

E TTTT (3)
n>2 1 1

and, therefore, the thermodynamic potential of the
colloid ions component is

At 4
It kT s @

1" 7> =

in which H° and B,, depend on T, m and y37
Equations 2 and 4 are rewritten in terms of weight
concentrations which are more convenient in ther-
modynamic manipulations, mz is the number of
moles of colloid per mole of water, ms and ra3* are
the numbers of moles of salt per mole of water in
the inside and outside solution, respectively. It is
assumed that the molecular volume of the colloid
iz is independent of pressure and of composition.
In addition, the small ions are considered as point
charges (vs = 0). When i\is the molecular volume
of water, eq. 2 and 4 become, respectively

Al+ Ti At A3—AiM
N = 1+ -- mA +
m3 Vi
G)
1 2Bj -
I:?F:%#Jr In”0 + J|-| \477?2+
~B3- 2BiVi+ \vA
amA + (6)

(7) Equation 4 may not be obvious since 72 refers to the colloid ions
(the non-equilibrium species) while 72 refers to the colloid component.
One might introduce the electrochemical potential 172 of the colloid ions

(4a)

When the colloid ion carries Z elementary charges, 72 is obtained
from iP2by adding the electrochemical potential mc of Z counterions

(4b)

m = yA + kT In 72p.

M = y>+ Zyc
Setting, furthermore
MO = yA + Zyc (4c)

eq. 4isrecovered. The present derivation of 712 starts with formulating
interaction effects. In order to ascertain that 7¢° is indeed independent
of pi, it is observed that in eq. 4c 720 and yc depend on T, p\, ps and on
an electrostatic potential which may or may not be a function of pe.
A possible dependence of $on pz, however, is irrelevant since $cancels
in «2°.  This renders 712° a function of T m and p3 only.
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In deriving relations between Bnand A,, the (De-
bye-Huckel) activity coefficient of the salt is as-
sumed to equal unity and we have

kT hr + 2 In mz* n

M° depends on T and mi only. The thermody-
namic equality
| omA = _
Vo J 71/, e
is converted with eq. 7 to
| d)ji/kT\
\ am3* ) T,tum.
Using eqg. 5 and s, equating the coefficients of equal
powers of mz on both sides of eq. 9, one obtains the
desired set of relations

/7 Ofid'/kT\

/ om-A
\ Oiil-2/THfli

®

- o (OmA
- (\asz ©)

_2Ai0 + 2v,

\ am3* JT.im Vi (10)
( aB2\ X A2 .
Komz* ) £, i @in

( oB3\ 443 -f' 44.2°2/3 (12)

\om3*) T,ih Vi

The present procedure also gives relations between
higher virial coefficients.

The dependence of Moon mz* requires some com-
ment. It will be recalled that ju® relates to a single
colloid molecule in the outside salt solution. Letus
consider a colloid ion with a positive electric charge
Ze. The colloid molecule then consists of the col-
loid ion and Z small negative ions whose concentra-
tion is ms*. These negative ions contribute to Mo
the m3*-dependent term ZKT In m3*. The single
ion activity coefficient is assumed equal to unity, as
before. also contains an electrostatic term, M,
which arises from the accumulation of Z elementary
charges on the colloid ion. This term is usually
called the electrical free energy of the double layer
and has been discussed in various connections.s« 1o
Several equivalent expressions for M2 can be de-
rived from imaginary charging processes. For in-
stance, the work required to charge a single colloid
ion and its counterions in a reversible manner, all
other ions retaining their normal charge, giveswo

Mi = J'Q (o'edz (13)

i/d is the surface potential of the colloid ion with a
charge ze. In general ¥, and therefore M, de-
pends on m3* and we have

g -Z + ZIn *= + £ (14)
Mi depends on T, mi, m3 and on the particular
properties of the colloid ion. K is the »”™-inde-

pendent part of MQ

Results for Different Models

The Donnan model bypasses the statistical theory.
Since this model has been used extensively in the
literature the results are included for completeness.
The electroneutrality condition is applied and no
further interaction is assumed between colloid and

(8) E. J. W. Verwey and J. Th. G. Overbeek, “Theory of the Sta-
bility of Lyophobic Colloids,” Elsevier Publ. Cy., Amsterdam, 1948.

(9) D. Stigter, Rec. trav. chim., 73, 593 (1954).
(10) J. Th. G. Overbeek and D. Stig'er, ibid., 75, 1263 (1956).
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small ions. Consequently Mi is independent of
m3* and from eq. 4 one obtains

M2 I m Z

( dm3* / Twx m3* (15)
In addition, the usual treatments11 leads to

Zh>

Bn = ' i

4 m3* (i)

b= - Zvi 17

- - 2nA* ( )
1 =171

‘2 Sms*2 (18)

In the Debye-Hiickel model one obtainss for colloid
spheres with radius a in a solution with dielectric
constant «

ch(lz iz K() (19)
with
ey
Equation 14 yields in this model
l¢wym = Z ZW k
\ dm3z* m3*  4ehT(l + ka)2m3*

HiW's expressions for B2 reads in the present nota-
tion

B2 = 4Vv2 + 1 *L

2 2T 4m

In the same approximation the result for ,4i is
found to be

(99)

Z>en
16ekT(l + 2na)hu* vy

ZVi Z 224
2m3* ' 8ekT(l + /ja)2m3*
For the Gouy-Chapman model Mi can be written asiwo

1 7222
0 2ea(l -f- ko)

(23)

(24)

The symbols have the same meaning as in eq. 19.
The correction factor 5depends on naand on the sur-
face potential of the colloid ion. Numerical results
for B2 Bz Ai and A2are givenin I.

Inspection of eq. 15 to 23 shows that the Donnan
model is essentially the limiting case of the Debye-
Hiickel model for Zm-* — 0. Furthermore, the
cross relations 10 and 11 are satisfied. This con-
firms the conclusion of, among others, Hills that
the Debye-Hiickel assumptions are self-consistent
from a statistical thermodynamic point of view.
The situation is less straightforward in the Gouy-
Chapman model and discussion is deferred to the
next section.

Numerical results for B. in the various models are
compared in Fig. 1. It is noted that for increasing
colloid charge the curves diverge rapidly. It was
found that this divergence is even more pronounced
at higher salt concentrations m3*. The same can be
said of the results for A\ in Fig. 2. Now, of the three
models under discussion the Gouy-Chapman model
is based on the least restrictive assumptions. Hence,
the large differences observed in Figs. 1and 2 indi-
cate that both the Donnan and the Debye-Hiickel
model are unsatisfactory already in the case of mod-
erately charged colloid ions.

(11) J. Th. G. Overbeek, “Progress in Biophysics and Biophysical
Chemistry,” Vol. 6, Pergamon Press, London, 1956, Ch. 3.
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Fig. 1.—Bt/vz as a function of Z for a = 25 A. and ms*/

1000AGi = 10-3 mole/l. of 1-1 salt in water at 25°: D =-m
Donnan model; DH = Debye-Hiickel model; GC =
Gouy-Chapman model. (For purposes of comparison

v, = 4/3(«i3 also in the Donnan model.)

Fig. 2.—Aims*/Zvi as a function of Z for a = 25 A. and
m3*/I)O0AI» = 10-2 mole/l. of 1-1 salt in water at 25°:
D = Donnan model; DH = Debye-Hiickel model; GC =
Gouy-Chapman model.

Self-consistency of the Gouy-Chapman Model

The main assumptions in the Gouy-Chapman
theory of the electrical double layersi2-15 are;
(1) small ions behave like point charges; (2) the
(Debye-Hiickel) activity coefficient of small ions
equals unity; (3) the potential of average force of
an ion may be identified with its average electro-
static potential in the Poisson-Boltzmann equation
which governs the ion distribution.

The last assumption has been made also in the
theory of strong electrolyte solutions and serious
objections have been raised against it. Kirkwoodss
has shown that assumption (3) is exact only under
conditions that the Poisson-Boltzmann equation

(12) G. Gouy, J. Phys., [4] 9, 457 (1910);
(1917).

(13) D. L. Chapman, Phil. mag.. 25, 475 (1913).

(14) B. Derjaguin and L. Landau, Acta Physicochim. u.rR.s.s., 14,
633 (1941); J. Expil. Theoret. Phys. (U.s.s.R.), 11, 802 (1941).

(15) B. Derjaguin, Acta Physicochim. u.rR.s.s., 10, 333 (1939).
(16) J. G. Kirkwood, J. Chem. Phys., 2, 767 (1934).

Ann. Phys., [9] 7, 129
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may be linearized (Debye-Hiickel model). When,
however, higher terms must be retained, the Pois-
son-Boltzmann equation leads to thermodynamic
inconsistencies.I7
Equation 10 enables us to test the self-consist-
ency of the Gouy-Chapman assumptions. For this
purpose the case of m » 1 is particularly suit-
able. The ionic double layer, adjacent to the sur-
face of the colloid particle, is essentially flat and the
Poisson-Boltzmann equation can be solved ana-
lytically. It can be shown that (ref. 8, eq. 36 and
p. 54)
w - z*

D*h(f) - '] &
with ¢a = expotkT. The relation between the sur-

face potential xpa Of the colloid particle and z is (ref.
8, eq. 12).
4a2  j2irtkTm3* . u /<to\ /oe%
~N=VoN\ vV, smh V27 (26)
From eq. 14, 20, 25 and 26, and considering z as a
constant, one obtains
(p~°/kTN = Iffira2
\ dmn:  Jtih kvi
On the other hand, the expression for the nega-

tive adsorption of salt in a flat double layer derived
by Klaarenbeeki8911leads to

_e_W2)

A= Vi —  (1- e"/2) (28)
It follows from eq. 27 and 28 that relation 10 is satis-
fied for the Gouy-Chapman model of the flat double
layer, irrespective of the values of k and the surface
potential. This result makes it likely that the as-
sumptions made in the customary treatment of the
electrical double layer, are self-consistent not only
for the flat double layer but in general. More par-
ticularly, it is surmised that assumption (2) justi-
fies assumption (3).

A final remark may be made on the absolute er-
rors introduced by assumptions (2) and (3). It
has been shown that for spherical double layers the
differences between results for the Gouy-Chapman
model and the Debye-Hiickel model (for which
assumption (3) is exact) are smaller than for the flat
double layer.910 Consequently, assumption (3) is
less restrictive for spherical double layers than it is
for the flat double layer. Now, in the latter case
elimination of assumption (2) gives rise only to rela-
tively small corrections.® For spherical double
layers such corrections are expected to be even
smaller.

The present discussion confirms the general no-
tionDthat the Gouy-Chapman model is quite ade-
quate for treating electrical interactions in colloidal
solutions.

Virial Coefficients in the Gouy-Chapman Model

In paper | virial coefficients have been evaluated
for colloid spheres surrounded by a Gouy-Chapman
double layer. The results are, of course, subject

(17) See e.g., R. H. Fowler and E. A. Guggenheim, “Statistical
Thermodynamics,” Cambridge Univ. Press, 1939, p. 405-409.

(18) F. W. Klaarenbeek, Thesis, Utrecht, 1946.

(19) W. E. Williams, Proc. Phys. Soc. {London), A66, 372 (1953).

(20) See e.g., ref. 8, p. 23; F. Booth, J. Chem. Phys., 22, 1956
(1954).
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to assumptions (1) to (3). Moreover, it was as-
sumed that (4) the results for the virial coefficients
depend mainly on the (Debye-Hiickel) potential
field in the outer part of the double layer. In evalu-
ating A2 and B3 the additional assumption was made
thart (5) the potentials of average force are pairwise
additive. With relations 10 and 11 the assump-
tions (4) and (5) can be examined separately.

Results for eq. 10 are given in Table I. The dif-
Table |
ea 0.5 0.7 1.0 1.5 2 3 5
Ratio 1.018 1.004 0.991 1.012 0.990 1.001 1.013
‘d~he/kT!
Ratio of )

21\ 18 )1 + Zvﬂg and Ai for 40 = 4.
ferentiation of ~ i, eq. 24, is rather similar to that of
B2 which is detailed in the Appendix. Values of A\
were taken from I. The table indicates that rela-
tion 10 is satisfied within the computational error of
lor 2%. Hence the error introduced by assump-
tion (4) isinsignificant. This agrees with independ-
ent evidence presented in I.

We now turn to assumption (5). From the val-
ues of B2 in I (which do not involve (5)), Az is ob-
tained with eq. 11. (See Appendix.) Such results
are compared in Fig. 3 with previous values of Asin
I, based on (5). It is observed in Fig. 3 that the
latter values are 10 to 30% too low. It can be
shown that this trend is to be expected from as-
sumption (5). In I A:zisevaluated as a “cluster in-
tegral- 42 relating to the interaction between one
small ion and two colloid ions (all ions either posi-
tive or negative). Figure 4 shows a particular con-
figuration. The pair potentials of average force
are functions of the distance between the relevant
pair of ions. Inthe Gouy-Chapman model,assump-
tion (3), W12' and W13 are proportional with the
electrostatic potential ™ in a single double layer
around ions 2 and 3, respectively.

TV = e<Ml) IF,/ = efc(l) (29)

W23 relates to the interaction between two colloid
particles and, hence, depends on properties of two
overlapping double layers. A2 depends on these
pair potentials and also, through a term propor-
tional with exp(—Wm/ZKT), on the interaction be-
tween three ions. The relevant potential of average
force may be written as

IFIB — WBT 6 A1) (30)

~os(l) is the electrostatic potential in position 1
due to the interacting colloid particles at positions 2

and 3. Assumption (5) reads in the present case
WI21 = Wa + TfV + wWa' (31)

or, with eg. 29 and 30
iMU = ~(1) + iMU (32)

However, the additivity of double layer potentials,

as expressed in eq. 32, is not exactly true. In gen-
eral (compare, e.g., ref. s, Ch. X)
AZ(1) < A1) + A3(1) (33)

It thus follows that assumption (5) yields too low
values of exp(—Wm/KT). This may explain the
observation in Fig. 3 that A2 as calculated in I, is
too low. It is recommended that, in order to avoid
assumption (5), Az be evaluated from B2 through eq.

Statistical Thermodynamics of Colloidal Electrolytes

841

Kqg.
. 10 15 20 25
o9 4
(0]
1£
F=l04
~----0 F* 10

Fig. 3.— Ratio of A* and —(vi/2)(bB2/dm~*)T.m for various
F ar.d ke values. <o = 4 in all cases.

11. An accurate procedure is given in the Appen-
dix.

The cluster integral for Rs21 contains a term pro-
portional to —exp(—Ww/KT). Following the rea-
soning above, it is concluded that the results for B3
in I, based on assumption (5), are somewhat too
high.

Appendix

In 1 kB2 has been derived as a function of the

parameter

F- “1f (*) «— B
In the differentiation in eq. 11 Z and a are con-

stant. Hence, one obtains with eq. 20 and 34
(d«2'3 KBo (d In k3Bi 'nF\ J
1T,m 2m3* | dinF U InKa)za )

(35)

The differentiation of F requires further considera-
tion. Equation 34 yields

7 is an explicit functionz2 of <$s and «a and we con-
vert

(Zy\ = (dy\ + (*y\ (~o\
\dnajz,a \dKajsn \dpt/xa \dnajz,a

The charge-potential relation can be written asz2

37

00 = (3«iA-r(l + Ka)

B depends on $0 and m. With eq. 38 it can be
shown that

(38)

With eq. 37 and 39, eq. 36 now becomes

(21) Compare e.g., T. L. Hill, “Statistical Mechanics,” McGraw-
Hill Book Co., New York, N. Y., 1956, Ch. 5.
(22) D. stigter and K. J. Mysels, This Journal, 59, 45 (1955).
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Since the functions 3 and y are quite similarz
we only discuss the differentiation of y.

y is a correction factor to the Debye-Hiickel ex-
pression for the potential field in a spherical double
layer. It is convenient to define a function
withzz

t(0g«z) = 1+ DMa>oK.a) [Tf(<fo) — 1] (41)

7 f is the relevant correction factor for the flat
double layer, for ko = where D$ = 1 The
analytical expression for yt is derived from the po-
tential-distance function (ref. s, eq. 6)

€02 + 1+ (ero2 —Ie~KK

e -j- 1 — <oz _ 1)e~KK (42)
or
4
0 = 4 tanh (§o/4)e-“ + g tanh (004)e~3x + (43)
kis the distance from the charged flat surface. The

relevant expression is in the Debye-Hiickel approxi-
mations

INTERACTIONS
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Och = <& K (44)

It follows from the definitionzz of y that, with eq. 43
and 44

7f = (W4)coth(0j/4)

With eq. 41 the derivatives required in eq. 40 cair be
written as

(45) =

(h ), - @- u(Sf), <>
(&)..-a +0.-»('£), <m
With eq. 41, 45, 46, 47 and a graphz of Versus

idfor various values of <) the factor y and its deriv-
atives are evaluated. The factor j3and its deriva-
tives are obtained in a similar way.2>  Finally, with
the help of eq. 40, 35 and 11 and a plotz of kB2 vs. F
the desired data on A2 can be evaluated with an ac-
curacy of a few per cent.

The method outlined above uses numerical val-
ues of functions relating to spherical double layers.
Such data have been obtained with the help of an
electronic computer by Hoskinz and, more re-
cently, by Loeb, Overbeek and Wiersema. 24

(23) N. E. Hoskin, Trans. Faraday Soc., 4o, 1471 (1953).

(24) A. L. Loeb, J. Th. G. Overbeek and P. Wiersema, to be pub-
lished; A. Vrij, Thesis, Utrecht, 1959.

IV. LIGHT SCATTERING

OF COLLOIDAL ELECTROLYTES

By D. Stigter

Western Regional Research Laboratory,| Albany 10, California
Received October 20, 1959

In the customary expansion of the excess turbidity in powers of the colloid concentration the coefficients of the three lead-

ing terms are connected with the virial coefficients of the Dorman membrane theory.

The results are accurate for colloid

solutions in which charge effects are predominant and which do not show depolarization or dissymmetry of the scattered

light.
the charge effect in light scattering are discussed briefly.

Introduction

The effect of electric charge on the light scatter-
ing by colloidal electrolyte solutions has received
much attention in the literature.2« 12 In all treat-
ments certain approximations are made which ren-
der the results unsuitable for general application.
This paper concerns, in particular, solutions of
highly charged colloid particles where charge ef-
fects are very pronounced. The treatment is based

(1) A laboratory of the Western Utilization Research and Develop-
ment Division, Agricultural Research Service, U. S. Department of
Agriculture.

(2 P. Doty and R. F. Steirer, J. Chem. Phys., 17, 743 (1949).

(3 P. Doty and R. F. Steiner, ibid., 20, 85 (1952).

(4) J. T. Edsall, H. Edelhoch, R. Lontie and P. R. Morrison, J. Am.
Chem. Soc., 72, 4641 (1950).

(5 P. Doty and J. T. Edsall, “Advances in Protein Chemistry,”
Vol. VI, Academic Press, New York, N. Y., 1951, p. 35.

6) K J. Mysels, Thissourna 1. 58, 303 (1954).

(7) K. J. Mysels, J. Colloid Sci., 10, 507 (1955).

(8 E. Hutchinson, ibid., . 191 (1954).

(9 L H. Princen and K. J. Mysels, ibid., 12, 594 (1957).

(10) L. H. Princen, Thesis, Utrecht, 1959

(12) W. Prins, Thesis, Leiden, 1955.

(12) W. Prins and J. J. Hermans, Proc. Koninkl. Ned. Akad.
Wetensch., B59, 162 (1956).

Some literature data on bovine serum albumin are reinterpreted in terms of molecular weight.

Current theories on

on the exact light scattering equation for multi-
component systems13' Bwhich connects the turbid-
ity with thermodynamic properties of the solution.
The statistical thermodynamic relations developed
for the Donnan membrane system 1617 are employed
to express the turbidity in terms of molecular pa-
rameters, i.e., the size (and shape) and the surface
potential (or the charge) of the colloid particles and
the effective ionic strength of the solution.

The Light Scattering Equation—We consider
a solution consisting of the electroneutral colloidal
electrolyte (component 2), water (component 1) and
a 1-1 salt (component 3) which has one ion species
in common with the colloid component. When
t°is the turbidity of the pure salt solution, the tur-
bidity change r — r° caused by the introduction of
the colloid is5

(13) H. c. Brinkman and J. J. Hermans, J. Chem. Phys., 17, 574
(1949).

(14) J. G. Kirkwood and R. J. Goldberg, ibid., 18, 54 (1950).

(15) w. H. Stockmayer, ibid., 18, 58 (1950).

(16) D. Stigter and T. L. Hill, T nis Journa 1, 63, 551 (1959).

(17) D. Stigter, ibid., s4, 838 (1960), hereafter denoted by III.
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11\1

dzz*) J
(1)

H= 327tV /e7V3X4; v is the refractive index of the
solution; 2= (dr/dm2r fa = (Wdms)r.p.m;
mi'is the number of moles of component i per mole
of water; pi is the number of molecules of compo-
nent i per unit volume of solution; ay is a partial
derivative of the molecular chemical potential, p;,
of component i with respect to mij e.g.

on — (.dpi/dnAT.p.mz
ajs* relates to the situation that mz = o.
Ax* — (d/iz/d7THz)T,p,Tm=0 ®3)
In eqg. 1the independent variables are T, p, ni2and
m3. A more convenient expression is obtained

when m is introduced as independent variable in-
stead of ra3 With the equalities

an = (dpiZdm2)T,p,m — azi(dmz/imi)T.p,pz  (4)
an/azz = — {dmz/bmi)T,p,pz (5)

T— T _ ni2 r("2 — q8123/a33)2*
H pi L o2 — eV

»2(L _

\ (lv.

2

eq. 1 is converted into
T—T _ Tdr{\a+ \pz(imz/bmi)T,ppz'1l
H pi L (dp-2/dm2)T,p,p3

Woak as¥y ©
This expression is general and exact for three-
component systems (in the absence of depolariza-
tion and dissymmetry).

The second term in square brackets in eq. s is
small compared with rA*p/Hm?. In most systems
this term can be neglected without introducing
a significant error. In addition, we change to
volume concentrations which are more practical.
Equation ¢ becomes
t —t° _ iz /[dp2\

H pi \dmij T,p.m

[(Z>p/dpi)T,pps + (dv/i>pz)T.p,p2 (i>Pz/dp2)T,p,iis]2
(i>p.i/dpi)Tpipi

The derivatives of ps and p2 in eq. 7 refer to a
(Donnan) system in which the pressure in the col-
loid solution is constant. In the conventional
Donnan system, however, the pressure in the equi-
librium salt solution is constant, that is, in the colloid
solution pi is constant, instead of p. At the present
time the derivatives of ps and p2 can be connected
with molecular parameters in a rigorous manner
only in the latter case of constant pi. For this rea-
son we approximate

(dpz/dpi)T,p,nz — (dp3dpi)ry»/f« (8)
(dpi/dpi)T,p,pa ~ (dpi/dp2T,pi,pz C)]

These approximations mean essentially that the
pressure is dropped as an effective variable. The
resulting minor errors in the final light scattering
equation are discussed in the next section. Approxi-
mations s and 9 enable us to use in eq. 7 the virial
expansionsie 17 of psand pzin powers of p2

The cofactor in eqg. 7 can be derived from data
on the solution density. Analytically, an expan-
sion in powers of pz requires assumptions on the
molecular volumes Wof the componentsi. In most
practical cases it suffices to set V38 — o and consider
i and v2to be independent of the composition of
the solution. In this case it is easy to show that

Light Scattering of Colloidal Electrolytes
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m2 /oPi \ N
Pi ydrtii) T,p,pz (1 * viPi + W *
With eq. s to 10 and eq. 2 and 4 of Il1, eq. 7 can
be written as
H*g
r-r°
1T (2Hz -f- i’j)pi ~r (3Bz

..).1 (10)

'IBjVi -j- v-"jpz2 +

1/2(1 +fpz* Yz nAnPi"-")2

n>1
¢, = p2Mi/N is the colloid concentration in grams
per unit volume of solution. A is Avogadro’s
number.
= 32xV (O0vy (12)
3N\* \dci) T,p,p-,
j _ (av/0pz)T,p,p2
13
(ap/dpi)T,p,p3 (3)

Pi* is the “effective” salt concentration in the col-
loid solution.ze17  Neglecting the (Debye-Hiickel)
activity coefficient, p3* can be defined with

p, = w °(2» + 2KTIn pz* (14)

In the case of high concentrations of large salt ions
it might be desirable to allow a finite value of v3
This substitutes for eq. 10 an expansion which is
much more complicated and contains terms de-
pending on A,. It can be shown that the relevant
correction terms in eq. 11, figuring in coefficients of
p2and p22 are insignificant when p3*v3« 1.

In general the expansion in Anin eq. 11 converges
much more rapidlyss than that in B,. Hence, in
most applications of eq. 11, it is safe to replace the
denominator by J/21 + /ps*di)2

Finally, the dependencess of the virial coefficients
on p~ that ison p3*, deserves attention. Equation
11 is suitable for interpretating experimental data
when the virial coefficients A,, and Bnare independ-
ent of (2 This means that p* should be independ-
ent of p2as is the case, for instance, when all
light scattering solutions have been dialyzed to
equilibrium with the same salt solution. However,
in most light scattering work information on p3,
rather than on p3%, is available. To account for
variation of p3*, the virial coefficients in eq. 11 are
expanded in powers of p2 e.g.

= Bz + (15)

where the superscript o indicates solution properties

at pi = 0. Neglecting minor terms, eq. 11 can now
be converted into the more suitable expression

H*c,_

1+ 2&V, + [zb,-+ 2 (gf,y (g)*]

Mi{1 + /p3°45)2
(16)

The coefficients of p2 and of p2-in eq. 16 are inde-
pendent of p2 2Bi° is related to the limiting slope
of the Debye plot of HcJ(r — r°) vs. ¢c2 The co-
efficient of pz2 in eq. 16 determines the limiting
curvature of a Debye plot. It is noted that the fac-
tor

(@Biy

VOP3*/

(aBzy
\apzj

»=' +
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can be derived from turbidity data at different salt
concentrations. (dpsV”Pz o can be evaluated from
pi with the relationie 1z
Pi*x = BX - h°R+ m.) (18)
Comparison with Two-component Systems.—
The main approximations in deriving eq. 11 have
been made in eq. s and 9. In order to investigate
the resulting errors, the limit of eq. 11 for p3* = o,
two-component colloid-water systems
~To = Jf,

1+ (2S*+ 2R+ ...]1 (19

is compared with the exact expression for two-com-
ponent systemsis at constant pressure
Tt

1
=A-[1+ 28, + &+ buyp2 + ... ] (20)

Since in eq. 19 i\ has been assumed to be independ-
ent of composition, there is no difference with V2 in
eq. 20. The additional term bn in eq. 20 is related
to the interaction between one solute (colloid) and
one solvent (water) molecule in the outside solution
of the Donnan system (p2 = 0). On the basis of
this comparison the rigorous treatment of three-
component systems which replaces eq. 9 by an ex-
act relation, is expected to substitute 2B2+ bn for
2B2in eg. 11. It is expected that approximation s
involves a correction similar to bn but smaller. This
term depends on the interaction between salt and
water. Minor cross terms are also expected in an
exact version of eq. 11.

It is likely that bn is determined mainly by hy-
drogen bonding, hydration and volume effects. In
the case of aqueous sucrose solutionsis bu was found
to be of order . It is anticipated that the same is
true for colloidal solutions, the remaining correction
terms in eq. 11 being smaller. In summary, eq. 11,
and also eq. 16, are expected to be sufficiently ac-
curate when 722 >> v2

Extrapolation of Turbidity Data to c2 = 0.—
In order to demonstrate the application of eq. 16,
some literature data on bovine serum albumin
(B.S.A.) are reinterpreted. Doty and Steiners re-
port interesting data on solutions prepared by dilut-
ing a 0.9% BSA-HCL1 solution of pH 3.30 with a
HC1-0.0054 M NacCl solution of pH 3.30. A De-
bye plot of their turbidity data shows a large limit-
ing slope and, in addition, a strong curvature. Now,
a fair estimate of the limiting curvature, from the
last term of eq. 16, greatly improves the accuracy
with which intercept and limiting slope can be de-
termined in a Debye plot of experimental data.
Furthermore, evaluation of the correction term
1 + fpz®Ai-)2in eq. 16 converts the reciprocal inter-
cept into the accurate molecular weight of the col-
loid component.

First the choice of components is discussed.
Strictly speaking, one should consider isoionic BSA,
HC1 and NaCl as separate components and apply a
theory of four-component systems. However,
one may apply the present three-component theory
by combining isoionic BSA and bound HC1 in the
colloid component 2 and consider NaCl and un-
bound HC1 as the (mixed) salt component 3. In
this definition of components a colloid molecule

(18) T. L. Hill, 3. chem. Phys., 30, 93 (1959).
(19) D. Stigter, T nis Journa 1. 64, 118 (1960).

D. Stigter
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consists of a charged BSA ion and the appropriate
number of Cl- counterions. The protein charge
which is positive at pH 3.30, derives from specifi-
cally bound CI” ions and an excess of bound H+
ions.

It is evident that the factors H*, M2 and cz in eq.
16 should refer to the BSA-HC1 component. Now,
the refractive increments per gram are very nearly
the same for HC1 and for isoionic BSA. There-
fore, one may employ the H* referring to isoionic
BSAs without introducing a significant error. De-
noting the molecular weight of isoionic BSA by M,
we get M2 = (1 + a)M. The correction a de-
pends on the composition of the BSA-HC1 com-
pound and is of the order of 0.03. Doty and
Steiners report their protein concentrations in ¢
grams isoionic BSA per ml. Obviously the con-
centration ineq. 16isc2= 1 + a)c.

We now turn to the term (5ps*/dp2o in eq. 16.
The effective salt concentration is

P3* = PHCI* + PNacCl*

(21)

It is assumed that pnci* is independent of the BSA
concentration.o In the dilution procedure de-
scribed above, the stoichiometric NaCl concentra-
tion depends on pz through

PNeCl = PNaCI0 — 6 X 10~*Mp2 (22)

It is easy to showz: that the relation between pNaGi
and PNaCi* can be expressed with

PNaC* = PNed (1 — AI°P2+  =m) (23)
Equations 21, 22 and 23 yield the desired expansion
of pi* in powers of p
P3* = PHO* + PNad0 — (jill’PNaCl° + 6 X

10~1M)pi + (24)

With eq. 24 and converting from c2 pz and M2to ¢
and M, eq. 16 becomes

— x
T—T°_TVI+ T+ T+ ...) (25)
T, = M~'(1 + a)-2(1 + /-4, W)-2  (26)
2NB2o
27
TI=~M~ @n
3NB3 2m
T3 M2 M 2 (hi°*PNaci° + 6 X 10 “4M)
(28)

It is recalled the P 3 and Ai° can be evaluated from
B2 and p3. Furthermore, (552bp3° can be deter-
mined readily on a plot of In B2versus In p3 which is
nearly linear over a large range of p3 (compare data
in ref. 4). In this way % can be derived from T2
with eq. 28.

In the original papers H*/(r — r°) is plotted vs. c.
In order to take full advantage of eq. 25, a suitable
value of Ti is selected and the data are replotted as
[He*/(r — ) — Tid/c vs. c. Obviously, the curve
through these points intercepts the abscissa at TiT2
with a limiting slope of TiT3 The proper choice of
Ti should give a curve for which the observed limit-

(20) This implies that the pH does not change on mixing the BSA
and the NaCl solutions of pH 3.30. A slight increase might be ex-
pected due to additional binding of H+and CI“ by the BSA-ion with
increased ionic strength. The relevant change of PHCI* and of the
colloid component are ignored at present. The resulting errors are
expected to be insignificant.
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ing slope agrees with the value Tit3 calculated
from TiTi with egs. 26-28.

Figure 1 shows results for two choices of T\
The straight lines indicate the calculated limiting
slopes. Table | gives values of various factors
used in this calculation. In both cases we have
employed/ = 0.74 X 10-3; p3 = 59 X 10"V
and pNeCGi0 = 5.4 X 10-6 N molecules/ml.; m =
Tri(+ tem io2 seeed. 26; (bB2dp3° = -BJI>/
pz as derived from a log-log plot of the best values of
8 21N 0.0054 and 0.0024 » NacCl at pH 3.30.3

Table |
JVBI", NW,
M @+fa‘ii)’ M, Tr
n ml. g.-1 piMi® n ml.’ g. ml.2g. “*
1.377 X 10-5 763 - 7.4 73500 0.23 X 10 2 X 10*
1.320 X 10-5 138 -12.5 77000 0.89 X 10« 4.8 X 10«

According to Fig. 1 the limiting slope obtained with
eg. 28 is consistent with the experimental data for
Ti = 1.377 X 10~5but definitely inconsistent when
Ti = 1.320 X 10-6 is assumed. Equation 26 and
Table 1 give for the former value M(1 + a)2 =
73500. To estimate m , let us assume that */*
of the adsorbed H+ ions is neutralized by specifi-
cally adsorbed CI- ions (compare ref. 4, Table V).
Then, for a net charge of 46 units,3 some 70 HC1
molecules would be associated with one (isoionic)
BSA molecule, corresponding to a = 0.036 and
m = 68500. Thisvalue compareswithm = 77000
reported in the same investigation3 for pH 5.10
at which pH the corrections for interaction with
small ions are probably very small. If no system-
aticerrorsare present inthe r — r° data, for instance
in the «» employed, the dependence of m» on the pH
is real and is probably due to (increased) aggrega-
tion of BSA at pH 5.10.

The numerical method used above for deriving
Ai° and s # from s > and p3 refers to spherical col-
loids. There is evidence2l that the BSA molecule
is not spherical, but more like a prolate ellipsoid
with axial ratio 6 or 7 to 1. Now, the virial coef-
ficients are essentially dependent on the outer part
of the ionic double layer around a BSA ion which,
for low ionic strength, approaches spherical sym-
metry. Hence the present results are rather in-
sensitive to the actual size and shape of the BSA
particle proper. Incidentally, these latter factors
influence strongly the interpretation of & 2> in terms
of surface potential or charge of the BSA ion. In
view of these uncertainties such an interpretation of
B 2 IS omitted.

Discussion of Other Light Scattering Expres-
sions.— Doty and Steiner3 have given an excellent
semiquantitative discussion of light scattering by
colloidal electrolyte solutions. The leading terms
in eq. 11 are the same as in the expression of these
authors. They discuss the Gouy-Chapman model
of the ionic double layer and also point out the de-
pendence of s 2 on the effective ionic strength.
Their estimate of & 2 is based on a hard sphere cut
off of the repulsion potential at a distance where
the interaction energy is 1 KT. It has been shown®
that such estimates of & 2 are considerably too low.

A number of other light scattering treatments are

(21) S. Krause and C. 7. O'Konski, J. Am. Chem. Soc., 81, 5082
(1959).
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¢, g./ml.

Fig. 1L.— \H*</{t — r0) — 7'i]/c os. ¢ for BSA in aqueous
NaCl solutions at pH 3.30. Values of H*c/(t — to) from
experiments bv Dotv and Steiner.3 Open circles, Ti =
1.377 X 10“5" filled circles, T, = 1.320 X 10-«.

based on the Donnan model. With eq. 16 and 17
of 111 eq. 11 yields for this model

A+ (“T* + minor terms” c2+ e==J (29)
The literature expressions are similar to eq. 29,
showing the cofactor7e-12 1 —f(Z /2))~ 2 and the
terma-7-10-12 Z2/'2p3*.  As shown in Figs. 1and 2 of
111 the differences between the Donnan and the
Gouy-Chapman model are quite marked. In gen-
eral, the “effective charge” Z, as obtained from the
slope of a Debye plot w th eq. 29 is lower than the
real colloid charge. Such a difference has indeed
been found in work on letergent micelles where Z
from eq. 29 could be compared with the electro-
phoretic charge.1022 Preliminary calculations have
shown that this difference is largely removed when
eq. 11 is used with the G ouy-Chapman model of B2
It is interesting to no:e that in some derivations
both the electroneutral ty of the colloid solution
and the interaction between colloid particles (in
terms of an activity coefficient of the colloid) are in-
troduced. It has been shown, however, that the
electro-neutrality condition leads to the Donnan
model and already describes the interaction between
the colloid particles.2s Consequently the expres-
sions under discussionis-1011 contain the same in-
teraction in two different terms. For self-consist-
ent results one of these terms should be omitted.
In fact, the extra term p2* of Edsall, et al., (ref. 4,
(22) J. N. Phillips ana K. J. ACysels, T nis Journar, 59, 325 (1955).
(23) T. L. Hill, Faraday Soc. Disc.. 21, 31 (1956).
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Fig. s) must be interpreted as an (approximate)
measure of the inadequacy of the Donnan model for
BSA solutions. Also, the very low “effective
charges” of detergent micelles, reported by Prinsu
and by Prins and Hermanszs are raised to more ac-
ceptable values if one of two main interaction terms
is omitted from their light scattering expressions.
After completion of this work the author received
a thorough treatise on light scattering by Vrijxs
in which an expression similar to eq. 11 is derived,
except for the last term. Yrij's numerical results
for Ai and B2agree with oursis but are given over a
more extended range. Vrij simplifies the connec-
tion between light scattering and osmotic properties
(24) W. Prins and J. J.

Wetenseh., £59, 298 (1956).
(25) A. Vrij, Thesis, Utrecht, 1959.

Hermans, Proc. Koninkl. Ned. Akad-
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by recommending that the factor dv/dc2in H* be
measured with reference to the equilibrium salt
solution. This procedure eliminates terms due to
colloid-salt interactions. Indeed, it is easily veri-
fied that in our eq. 7 the substitution

ov_\
Opid T,p,pi
(30)

(*L)
\dpt/T,p,pt

+ (EL) (*»)
\ap3/T,p,p2 \ap2/T,p,w

yields essentially a two-component expression.
Finally, Vrij shows that the connections with os-
motic properties are exact if the colloid solution is
subjected to the relevant osmotic pressure when bv/
dc2and r are measured. This is further evidence
that our approximations s and 9, required in experi-
ments at constant pressure, are rather good.

TRANSMISSION COEFFICIENTS FOR EVAPORATION AND
CONDENSATION

By Earl M. Mortensenland Henry Eyring

Department Of Chemistry, University of Utah, Salt Lake City, Utah
Received November 14, 1959

The theory of absolute reaction rates usually begins with the equilibrium calculation of the rate of surmounting a barrier

and then corrects this by the transmission coefficient.
than unity.
the initial to activated states.

In certain unimoleeular reactions this transmission coefficient is less
In such reactions there is often not sufficient time for the internal degrees of freedom to equilibrate in going from
To correct for this non-equilibrium condition in evaporation and condensation the transmis-

sion coefficient is set equal to the ratio of the internal partition function in the initial state to the internal partition function

in the activated state assuming equilibrium.

Introduction

The theory of absolute reaction rates corrects the
approximation that equilibrium is maintained be-
tween the initial and activated states by introducing
a factor k2 In many reactions « = 1is a good ap-
proximation. We wish here to consider evapora-
tion where kdiffers considerably from unity in cer-
tain cases. Equilibrium is not always maintained
in passing to the activated state. This is because
the adjustment of energy between internal degrees
of freedom cannot keep pace with the changes aris-
ing as the system passes to the top of the barrier.
A similar situation arises when ultrasonic vibra-
tions are passed through a substance. The heat
capacity decreases at high frequencies of sound, in-
dicating that there is not sufficient time for the in-
ternal degrees of freedom to equilibrate. Like-
wise, to explain the thermal conductivity of liquids
Kincaid and Eyrings were obliged to assume that
translations, but not internal vibrations and rota-
tions equilibrated on each collision.

During the unimoleeular reaction the vibrational
and rotational quantum levels may be altered so
rapidly that there is insufficient time to re-establish
a Boltzmann distribution. Thus, although levels
may be altered, the population in these levels should
be essentially the same as before the reaction oc-

(1) Supported by the Standard Oil Company of California through a
predoctoral research fellowship.

(2) S. Glasstone, K. J. Laidler and H. Eyring, “The Theory of Rate
Processes,” McGraw-Hill Book Co., Inc.,, New York, N. Y., 1941, p.

185.
(3) J. F. Kincaid and H. Eyring, J. Chem. Phys., 6, 620 (1938).

curred, and so for the internal partition function
of the activated complex we should write in such
cases, the internal partition function Fecorrespond-
ing to the minimum along the reaction coordinate.
This correction is most appropriately incorporated
into the transmission coefficient k so that we retain
the original formation in which the rate constant
¥ is expressed by

k' = e-~"/R T (i)
where Fi is the molecular partition function per
unit volume of the initial state, and F+ is the cor-
responding partition function of the activated com-
plex assuming equilibrium, while for the transmis-
sion coefficient we write

where Fft is the internal part of the molecular
partition function in F* which is to be replaced
by the surface restricted internal partition func-
tion Fe. Gershinowitz and Rice’ss discussion of
the activation energy of unimoleeular reactions is
of interest in this connection and Slaters has brought
together much valuable work of his own and others
in his book.

Transmission Coefficients in the Evaporation and
Condensation of Liquids.— Let us apply equation 1
to the evaporation of liquids. If there is no

(4) H. Gershinowitz and O. K. Rice, J. Chem. Phys., 2, 273 (1934).

(5) N. B. Slater, “Theory of Unimoleeular Reactions,” Cornell
University Press, Ithaca, N. Y., 1959.
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activation energy for condensation, then the acti-
vated state is the one in which the liquid surface
and the evaporating molecule are separated. Then
F* is the gaseous partition function aside from the
omitted translational motion away from the sur-
face, while Fi is the partition function for the mole-
cules on the surface. If Fi is related to the vapor
pressure P, using the chemical potential, we obtain
the usual Hertz-Knudsen equation for the rate of
vaporization v where

fkT V/2 _ KP
V.  KO\2Trm) (2irmlcTyh 3)

and cg is the concentration of gas molecules in the
vapor. It is well knowns that the actual rate of
vaporization in many cases is less than P/(2w-
mkT)1! indicating a transmission coefficient or
condensation coefficient as it is called of less than
unity. To obtain this condensation coefficient we
must evaluate the partition function Fe for the
molecules on the liquid surface. Generally we do
not need to consider the vibrational degrees of
freedom because they are the same in the two
states.z However the rotational degrees of free-
dom between the two states are different because on
the surface the rotations are hindered leading to a
smaller rotational partition function. Therefore,
k in equation 3 is the ratio of rotational partition
functions for the surface molecules to those in the
vapor phase. Herzfelds was the first to point out
the importance of rotation in evaporation.

One of the best methods for finding the ratio of
rotational partition functions in liquid and gas was
developed by Kincaid and Eyring.s They called it
the free angle ratio. It was G. Wyllies who
pointed out the near equivalence of the free angle
ratio with the observed condensation coefficient.

The rotational partition function for the mole-
cules on the surface can be determined by consider-
ing either the potential energy between them as a
function of their angle of rotation or by considering,
as did Kincaid and Eyring, some measurable quan-
tity which is related to the rotational partition
function such as the entropy of vaporization.
Since the free angle ratio requires certam data
which are not always available in the literature, it
was felt that it would be desirable to investigate
other methods for determining the ratio of rota-
tional partition functions to further illustrate
equation 2.

Now, the entropy ASVBgained by a molecule in
going from the surface of a liquid to the vapor
phase is given by

ASvs = R In /N
of.'] f - f e—W/kT'” CQIl
i 3
u:

U ~ f-f e-w/krjJ d3iJ l/iv

+ RT

(6) O. Knacke and 1. N. Stranski, “Progress in Metal Physics,”
Vol. 6, Pergamon Press Ltd., London, 1956, p. 181.

(7) G. Herzberg, “Infrared and Raman Spectra of Polyatomic
Molecules,” D. Van Nostrand Co., Inc., New York, N. Y., 1945, p.
534.

(8) K. F. Herzfeld, J. Chem. Phy&., 3, 319 (1935).

(9) G. Wyllie, Proc. Roy. Soc. (London), A197, 383 (1949).

(10) For linear molecules the 8tr2should be replaced by 4ir.
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where fev and fsv are the vibrational partition func-
tions and W is the potential energy of the molecules
on the surface in terms of the coordinates ¢, de-
scribing the translation and rotation of the mole-
cules. Since the vibrational frequencies are gen-
erally the same in the two phases,7 they cancel and
we obtain upon rearrangement

ild gi] VAr =

¢y -y e™

Vge &S\-s/Re W/RT (4)

where W is the average potential energy of the
molecules on the surface and is given by

f-f Wew/kTjJ d?i

W = e [ J—
f-f eHVfcrddd,,

If the average potential energy of the bulk liquid is
taken to be the zero of potential energy, then
Afvs + W/T is to a good approximation the en-
tropy of vaporization ASv from the bulk phase.
Now, if the rotational and translational degrees of
freedom can be separated so that equation 4 may
be written in terms of the molecular partition
functions /gr and fB for rotation and the molar
partition function Q/ for translation, we obtain
% (&I)VAr - FE-ASviie (5)
By comparing equation 5 with the one used by
Kincaid and Eyrings we see that (Q f) I/Ncorresponds
to their free volume Vi and fsi/f/ to their free angle
ratio 5r.

Now, in order to obtain the condensation co-
efficient or ratio of rotational partition functions of
a liquid, let us first consider a liquid having a con-
densation coefficient of unity such as CCl14 For
CCU equation 5 becomes

(Q.*)cci.w = Fg.ocu e_ASv,ccu/E (6)

If we can find a temperature Tccu at which CClaisin
the same standard state for translation as the liquid
being considered such that (Qsl) 17 for the liquid
equals (QsY1/vcci, then the free angle ratio or con-
densation coefficient can be determined. By com-
bining equations 5 and s we obtain

e-SASwR  Peeu T

Kg,ecu P Tccu

where SS = ASv — ASy, ecu and the p’s are the

vapor pressures of the liquids. We shall now in-

vestigate a few of the more common measures of
the standard state.

One measure of the corresponding state of a liquid
is its reduced temperature Tv. The ratio favfg
obtained from the reduced temperature will be
indicated by 52 In the fifth column of Table I
we have listed values of .2 for thirteen liquids at two
different temperatures. The critical temperature
Teis given in column two.

In 1939 Hildebrandu suggested that the entro-
pies of vaporization should be compared at equal
vapor concentrations. For Hildebrand's rule the
ratio will be indicated by 5 and is listed in column
six of Table I.

(11) J. H. Hildebrand, J. Chem. Phys., 7, 233 (1939).

e SASV/R (7)
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Table |

Comparison of Free Angle Ratios

Molecule Te, "K. t, °c. Ji(K & E)
ecu 556.31 0 1.02
50 1.31
CnH« 561.7 0 0.86
50 1.14
CHCU 536 0 0.26
50 .99
CHjl 528 0 .37
40 1.25
CH3H 513.4 0 0.034
50 .048
chSoh 516.3 0 .019
50 .028
h 2 647.31 0 .022
100 17
ch,coch3 508.2 0 .16
50 .54
Cyclo-CeEffi 553.9 10 .69
80 1.55
w-CeHn 507.9 0 0.57
50 .99
il-€ ™ 16 540.17 (] .23
50 .36
CJISCH3 594.0 0 .60
50 91
7-CHTOH 536.9 0 .008
100 .050

«Tr) «H) M P) Obsd. <
1.00 1.00 1.00 1(0)w.>.*
1.00 1.00 1.00
0.70 0.74 1.42 0.85-0.95(6)"
77 .79 0.82
.25 .20 22 162/
59 58 66
31 21 .32
.84 57 77
078 14 .20 .045(0/
20 21 17
021 .053 064 .024(13)"
024 047 .061 .036(0/
11 .099 17 .036(15/
11 067 17 .02(100/
.10 13 15
.30 .35 42
74 82 .78
97 1.09 1.02
57 0.84 0.70
.65 1.01 .86
32 0.65 54
45 83 .65
59 74 71
67 85 .80
.007 028 024 037/
.030 051 .059

° A number in parentheses in the last column is the temperature (°C.) at which the condensation coefficient was measured.

6T. Alty and F. H. Nicoll, can. J. Research, 4, 547 (1931).
115, 202 (1940).
Phys. Chem. (U. S. s. R.), 13, 1035 (1939).

Proc. Roy. Soc. (London), A149, 104 (1935).

Pitzeri2 suggested that since the entropy of a gas
is particularly volume dependent while the liquid
volume is quite insensitive to imperfections of the
liquid, that entropies of vaporization should be
compared at equal vapor to liquid volume ratios.
The ratio /3 /gr using Pitzer's rule will be indi-
cated by 5 and is listed in column seven of Table 1.

Calculated values of 5greater than unity indicate
a limitation in the method of calculation in that
case.

For purposes of comparison free angle ratios as
calculated by the method of Kincaid and Eyrings
are indicated in column four of Table I and will be
indicated by Si.

The observed condensation coefficients are listed
in column eight. In most instances the calculated
values of Sagree reasonably well with the observed
condensation coefficients considering the approxi-
mations which were made; thus indicating the
validity of equation 2 in treating problems of
evaporation. It is also seen that the agreement is
fair between the various methods particularly at
the lower temperatures. It should be noted that
in going from n-hexane to n-heptane the free angle
ratio indicates that there is more restriction to
rotation in heptane. If this trend continues, we
might expect that long chain hydrocarbons would
have small free angle ratios; however, it is found
that the observed condensation coefficients in
larger molecules containing many atoms appear to
be unity.13-14 This discrepancy should be antiei-

(12) K. s. Pitzer, J. Chem. Phys., 7, 583 (1939).

*T. Alty, Phil. Mmag., 15, 82 (1933).
' L. von Bogdandy, H. C. Kleist and O. Knake, z. Electrochem., 59, 460 (1955).
“ H. Bucka, z. physik. chem., 195, 260 (1950).

dW. Priger, z. Physik,
1 M. Baranaev, J.
*T. Alty and C. A. Mackay,

pated because as a large molecule evaporates, we
should expect it to do so in segments. Each of
these segments which has broken loose from the
surface gains additional freedom of motion. By
the time the molecule breaks away from the surface
its internal motion is essentially like those of the
molecules in the vapor phase, and, hence, the con-
densation coefficient is near unity. This stepwise
process of evaporation is certainly not included in
the calculated free angle ratios given in Table I.
We should, therefore, be careful about interpreting
the calculated free angle ratios of large molecules
by methods similar to those used in obtaining
Table | to be the same as the measured condensa-
tion coefficients. However, equation 2 is still valid
because F. should then be put equal to the gaseous
internal partition function and not the corre-
sponding internal partition function for the sur-
face because this is not the final position of equi-
librium prior to evaporation.

From Table I we note that polar molecules have
small free angle ratios or condensation coefficients
indicating a small rotational partition function on
the surface as compared with the one for the vapor
phase. Classically the rotational partition func-
tion / r may be written

1' = f - f e-iir/RT JJ dp; dq, (8)

(13) R. S. Bradley and A. D. Shellard, Proc. Roy. Soc. (London),
A198, 239 (1949).
(14) R. S. Bradley and G. C. S. Waghorn, ibid., A206, 65 (1951).
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where HTis the rotational part of ~he Hamiltonian
and g, and p\ are the conjugate coordinates and
momenta. Since the potential energy does not
depend upon the momenta, the contribution of the
.kinetic energy to the partition function in equation
s :just cancels in determining the free angle ratios,
5 and so we obtain

S=,2 /e [ [e-V/RV Sn 0de dtp dx 9)
where 6 and x, are Euler's angles and < is the
symmetry number. We expect, as did Harkins,
Davies, and Clarkis that polar molecules are ori-
ented because of the strong electrostatic forces which
act on them so that for appreciable portions of the
solid angle, V is large, and, hence, the free angle
ratio in equation 9 is small.

For symmetrical top molecules such as benzene
and chloroform we can estimate the amount of ori-
entation if we can write a potential energy function
for rotation. We shall first assume that rotation
about the figure axis is essentially free. For rota-
tions at right angles to this figure axis we shall as-
sume that we can approximate the potential energy
by a function of the form jAv o(l — cos no) where n
is the symmetry number about this axis. For
benzene n = 2 and for chloroform n — 1. Sub-
stituting this potential function into equation 9
we obtain

_ (X A2 P2r  [ejrin

" 82 \.']x:o jv:oje:o

sin 0d0dy>dx = ™ n e-Vo(l-cos n8)/2RTsjn 0d0

(10)

mn where m is the symmetry number
For the case where n = 1,

e-Fo(cosr. €)//2RT

since € =
about the figure axis.
equation 10 reduces to

S = ~(1 - e /RT)(n = 1) (11)
)

while for n = 2, we obtain

(15)
Soc., 39, 541 (1917).
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W. D. Harkins, E. C. H. Davies and G. L. Clark, J. Am. Chem.
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2) (12)

For benzene we take ar = 0.90 (see Table I) at
279°K. Using equation 12 we obtain

Vo = 90 cal./mole (benzene)

This very small value of Fo indicates that on the
surface there is very little interaction upon the
rotational degrees of freedom indicating perhaps a
loose structure on the surface. On the other hand,
for chloroform, we have S = 0.16 at 273°K. and
equation 11 gives

Vo = 3400 cal./mole (chloroform)

which indicates an appreciably oriented structure
on the liquid surface. Since several of the free
angle ratios or condensation coefficients are smaller
than for chloroform, we would expect an even
greater orientation for these molecules. Although
the condensation coefficients indicate that there is
orientation on the surface, we have not considered
the surface structure in sufficient detail to deter-
mine whether this order is long or short range.

Liquid molecules possess a cooperative structure
which is quite different from that of solid or gas so
that it is not surprising that a molecule whose
rotation cannot pass adiabatically into the liquid
structure should be rejected. This incompatibility
between the structures of the liquid and other
phases is reflected in the extraordinary difficulty in
nucleating both crystallization and boiling in pure
liquids as exhibited by pronounced supercooling and
superheating. The theory of significant liquid
structuress which has had marked quantitative
success in characterizing liquids pictures the aver-
age molecule as executing solid-like motions when it
occupies the solid volume which changes over to
gas-like motions in strict proportion to the frac-
tional increase in volume.

(16) H. Eyring, T. Ree and N. Hirai, Proc. Natl. Acad. Sci., 44,
7, 683 (1958), et seq.
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HEPTANE ISOMERIZATION
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The equilibrium composition of the isomeric heptanes was experimentally determined at 36.8°.  This study was conducted
because of the scarcity of experimental data on the heptane isomer equilibrium composition, and because of the conflict be-
tween existing data and calculated equilibrium values. Equilibrium was reached among seven of the nine heptane isomers,
starting with n-heptane, 3-methylhexane, 2,3-dimethylpentane and 2,4-dimethylpentane.  Side reactions prevented an accu-
rate determination of the 2,2- and 3,3-dimethylpentane equilibrium values. The experimental and calculated equilibrium
values of the heptane isomers were in good agreement. A discrepancy, outside the respective limits of uncertainty, was found
only in the case of 2,3-dimethylpentane.

culated from thermodynamic data.2 As the num-
the existence of discrepancies between experi- ber of carbon atoms is increased, the possible oc-
menta“y obtained isomer equ”lbrla‘ and that cal- (2) (a) F. D. Rossini, E. J. Prosen and K. S. Pitzer, J. Research Natl,

1) (@) F. E. Condon in P. H. Emmett, “Catalysis,” Vol. VI, Rein- Bur. Standards, 27, 529 (1941); (b) F. D. Rossini, K. S. Pitzer, R. L.
hold Publ. Corp., New York, N. Y., 1958, chapter 2; (b) G. Egloff, Arnett, R. M. Braun and G. C. Pimentel, “Selected Values of Physical
G. Hullaand V. I, Komarewsky, “Isomerization of Pure Hydrocarbons,” and Thermodynamic Properties of Hydrocarbons and Related Com-
Reinhold Publ. Corp., New York, N. Y., 1942. pounds,” Carnegie Press, Pittsburgh, Pa., 1953.

Paraffin isomerization studies: have pointed out
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currence of discrepancies increases and reliable ex-
perimental values are not usually available. Thus,
only a limited amount of experimental data on the
isomerization of heptane has been reported.s

This paper discusses the results of an investiga-
tion of the equilibrium isomerization composition
of the heptanes. Two acid catalysts were used
and five of the nine heptane isomers were em-
ployed as starting materials.

Apparatus and Experimental

Phillips Research Grade heptane isomers were used, ex-
cept for 2,2-dimethylpentane which was kindly supplied by
Dr. M. R. Fenske of the Petroleum Refining Laboratory of
the Pennsylvania State University. The isomers were passed
over a zeolitic adsorbent to remove water and olefins. Iso-
butane (Matheson) was used without further treatment.
Benzene containing 0.004% sulfur was used, as supplied by
the Baker Company. The aluminum halide was purified by
repeated distillations in a vacuum system and handled in a
dry box. Phosphoric acid, (87.4%), was used as a co-
catalyst,1 with a metallic oxide as a catalyst support.6 The
oxide was calcined at 590°.

One catalyst consisting of an aluminum halide and phos-
phoric acid was inhibited with 10 vol. % benzene (on the
heptane), and reactions were carried out in stirred glass
flasks at 36.8°. A gas bag attached to the end of a reflux
condenser collected any light material. Samples were period-
ically withdrawn from the reaction flask with a hypodermic
syringe for gas chromatographic analysis. A squalene
column on firebrick at 0° was used to separate and identify
all the C7isomers.

A second system consisting of aluminum halide supported
on a metallic oxide, with isobutane as an inhibitorI" was
studied in a stainless steel reactor. Samples were periodi-
cally removed for analysis through a product withdrawal
line.

Results

In order to secure accurate equilibrium data, two
conditions must be met. One is the achievement
of equilibrium and the second is the knowledge that
side reactions have not perturbed the experimental
equilibrium. In these studies, both catalytic sys-
tems produced the same isomer distribution from
n-heptane, 3-methylhexane, 2,3-dimethylpentane
and 2,4-dimethylpentane with less than 5% con-
version to side products. However, 2,2-dimethyl-
pentane could not be isomerized to equilibrium
over these catalysts because of interfering side re-
actions. Interaction of the hydrocarbons with the
catalyst, leading to adsorption of the heptanes could
not be prevented. It is unlikely that selective ad-
sorption was important since both catalytic systems
yielded similar products.

Table I shows the isomer distribution reached at
36.8°. The experimental values are averages from
the four starting isomers. The reproducibility of
the individual values is in the neighborhood of
+15% of the numbers shown.

The aluminum halide-metal oxide catalyst caused
side reactions and the indicated product distribu-
tion was obtained by extrapolating the data to zero
degradation. Good agreement was obtained over
both catalysts. However, there are apparent dif-
ferences between the experimental values and those
calculated from thermodynamic data. These dif-
ferences are due mainly to the fact that equilibrium

(3) J. J. B. van Eigk van Voorthuijsen, Rec. trav. chim., 66, 323
(1947).

(4) V. N. Ipatieff and L. Schraerling, U. S. Patent 2,358,011, U. S.

Patent 2,402,051.
(5) J. J. Owen and E. E. Stahly, XJ S. Patent 2,349,458.
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AlXi-
AlIX3H 3FO4 Oxide —Calculated a—
Isomer, mole % Liquid  Vapor Liquid Liquid Vapor
22 DMP 5.0 7 4.4 23.0 29.4
24 DMP 17.0 22 19.7 8.0 9.6
23 DMP 9.0 8 8.2 30.1 26.3:
33 DMP 9.5 10 8.2 11.4 11.2
223 TMB 8.0 10 5.4 4.4 55
2 MH 26.0 22 30.0 11.9 9.9
3 MH 18.5 16 17.2 7.6 6.0
n C7 6.0 4 5.9 2.7 1.5
3 EP 1.0 1 1.0 0.9 0.6

“ Vapor phase calculations are made using vapor pressure
data from APl Research Project 44, revised December 31,
1952, and Raoult’'s law. The thermodynamic values are
calculated from equilibrium data in source.2'

has been reached only among seven of the nine iso-
mers. This point is explained more fully in the fol-
lowing paragraphs.

In comparing experimental equilibrium data with
the values calculated from thermodynamics, an
experimental or calculated error in one compound
will introduce errors into the composition values of
the other isomers. In order to avoid this, a stand-
ard technique is to compare equilibrium values of
pairs of isomers. 2,4-Dimethylpentane was picked
as the reference compound (Table I1l1). This
compound was chosen because of its high equilib-
rium concentration, which in turn, provides con-
fidence in its relative value. The ratios of n-hep-
tane, 2-methylhexane, 3-methylhexane, 3-ethyl-
pentane and 2,2,3-trimethylbutane to this common
base are in good agreement with values calculated
from thermodynamic data.

Table Il

Relative Ratios of C7lsomers (36.8°)

Ratio Exptl. Thermodynamic2
n-C7

2.4-DMP 0.18 0.16
3-MH

2.4-DMP 0.73 0.62
2-MH 1.00 1.03

2,4-DMP ’ ’

2,2,3-TMB

2.4-DMP 0.46 0.57
3-EP

2 4-DMP 0.05 0.06

The remaining isomer ratios differ considerably
from the thermodynamic ratios, as shown in Table
1.

Table Il

Relative Ratios of C7lsomers (36.8°)

Ratio Exptl. Thermodynamic2
;:ijgmi 0.32 3.06
POV 46 1.66
g”iij : S 36 2.74

2 2-Dimethylpentane could not be isomerized

without degrading. Therefore, it is not known
whether the differences between experimental and
calculated isomer ratios are due to errors in ther-
modynamic data or to interfering side reactions.
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Since the isomerization of 3,3-dimethylpentane was
not attempted, it is also not known whether this iso-
mer was at equilibrium.

However, 2,3-dimethylpentane was isomerized
.without side reactions, and its concentration was
found to check that produced from the other iso-
mers under conditions of little degradation. Thus,
it is felt that the differences in the ratios for 2,3-di-
methylpentane are due to errors in the thermo-
dynamic values.

It is important to determine what causes the
differences between the experimental and calcu-
lated equilibrium values. The calculated values
are derived from the equation AF° = —RT In Kai
where AF° is obtained from thermodynamic meas-
urements. Values of AF:/T may be experi-
mentally determined using equilibrium constants
based on 2,4-dimethylpentane as the reference iso-
mer. These experimental AF°/T values are com-
pared with the calculated values in Table IV.
There is excellent agreement in all cases except 2,3-
dimethylpentane, where a discrepancy outside the
respective limits of uncertainty was found. The
cause of this discrepancy probably is an error in
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the thermodynamic data and the subject bears
further investigation.

Table IV
Vapor Phase Equilibrium of Seven Heptanes, 36.8°
mMole % ------ R /T-
Isomer Obsd. Calcd.a Obsd.b  Calcd.a.c
2,3-Dimethylpentane 9.6 443 2.02 -2.02
2,4-Dimethylpentane 26.5 16.2 0 0
3-Methylhexane 19.3 10.0 0.63 0.94
2-Methylhexane 26.5 16.7 O -0.06
2,2,3-Trimethylbutane  12.1 9.3 1.57 1.11
3-Ethylpentane 1.2 1.0 6.17 5.54
«-Heptane 4.8 25 3.39 3.70
“Ref. 2a. 1Probable experimental error is + 0.46
call./deg. mole. cThe uncertainty is * 1.3 cal./deg
mole.
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ALBUMIN!1
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The sorption-desorption cycles for water on native and on steam, heat and alcohol-denatured egg albumins have been

studied from 25 to 70° for the first and up to 100° for the latter three.
of the temperature at high relative humidity and only slightly more sensitive at low humidities.
loop decreases with increasing temperature and for denatured albumin at 100° it has almost disappeared.
100° denatured albumin shows no hysteresis above a relative humidity of 0.7.

The amount of water sorbed is a very weak function
The size of the hysteresis
Between 70 and
The sorption isotherms of the three denatured

egg albumins were significantly different both at 25 and 40° indicating that denatured albumin is not a uniquely defined

material.

Introduction

The sorption of water vapor on solid proteins is
different from the sorption of non-polar gases on
these solids. For non-polar gases the adsorption
and desorption paths of non-polar gases coincide
and there is no hysteresis loop.s 4

(1) This work has been supported by a grant (G-3541) from the
U. S. Public Health Service of the National Institutes of Health.

(2) The material in this paper has been included in a dissertation
submitted by R. L. Altman to the Graduate School of the University
of Southern California (1958) in partial fulfillment of the requirements
for the degree of Doctor of Philosophy.

(3) S. W. Benson and D. A. Ellis, J. Am. Chem. Soc., 70, 3563
(1948).

(4) S. W. Benson and D. A. Ellis, ibid., 72, 2095 (1950).

Experimental data on the sorption of water vapor
by egg albumin are relatively complete only in the
room temperature region. Barkers provides sorp-
tion and desorption isotherms at 2 0 ° for both native
and heat denatured egg albumin, and Mellon, Korn
and Hoovers have done the same at 30°. Further
observations on water sorption in this temperature
range are reported by Benson and Ellis,s4 Shaw,7
Bull,s and Benson and Richardson.s

(5) H. A. Barker, J. Gen. Physiol., 17, 21 (1933).

(6) E. F. Mellon, A. H. Korn and S. R. Hoover, J. Am. Chem. Soc.,
71, 2761 (1949).

(7) T. M. Shaw, /. Chem. Phys., 12, 391 (1944).

(8) H. B. Bull, ./. Am. Chem. Soc.. 66, 1499 (1944).

(9) S. W. Benson and R. L. Richardson, ibid., 77, 2585 (1955).
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Fig. 1—Water sorption on native egg
albumin. Lower half of each curve rep-
resents adsorption and upper half de-
sorption. The ordinates have been shifted
by 8 units in W for each succeeding tem-
perature (i.e., subtract 8 units from 40°
curve, 16 units from 55° curve, etc.).
Points are experimental values.

Benson and Richardson report the most complete
sorption data on egg albumin taken at 25°, and Bull
has reported further experimental observations at
40°.

Sorption hysteresis is a phenomenon of great in-
terestio-13 in proteins. Because all previous data
have been obtained at relatively low temperatures
little is known about the effect of temperature on
water sorption and upon sorption hysteresis.
Therefore, an extensive investigation of water sorp-
tion by native and denatured egg albumin seemed
worthy of study.

(10) D. H. Everett and W. I.
749 (1952).
(11) D. H. Everett and F. W. Smith, ibid., 50, 187 (1954).
(12) D. H. Everett, ibid., 50, 1077 (1954).

(13) J. A. Enderby, ibid., 51, 835 (1955).

W hitton, Trans. Faraday Soc., 48,
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Fig. 2.—Water sorption on denatured
egg albumin. Lower half of each curve
represents adsorption and upper half de-
sorption. The ordinates have been shifted
by 8 units in W for each succeeding tem-
perature (i.e., subtract 8 units from 40°
curve, 16 units from 55° curve, etc.).
Points are experimental values.

Experimental

Materials and Reagents—The various forms of egg
albumin and other reagents used in this research are briefly
described as: (1) native egg albumin, powdered, Armour
and Company, Lot E 81116; (2) denatured egg albumin pre-
pared by passing hot steam over native egg albumin, source:
Armour and Company, Lot E 81116. The insoluble frac-
tion was separated from any remaining soluble egg albumin
by adding water, suction-filtering, and evacuating any re-
maining water; (3) coagulated egg albumin, made by boiling
native egg albumin, source: Armour and Company, Lot
E 81116; (4) alcohol denatured egg albumin, made by
pouring a saturated solution of native egg albumin into
absolute alcohol. The precipitate was filtered, washed
with water, and evacuated. The native egg albumin was
from Armour and Company, Lot E 81116, and the USP
absolute ethyl alcohol was from U. S. Industrial Chemicals
Company.

Apparatus.—A McBain

sorption balance was con-
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Relative humidity, P/PO.

Fig. 3.— Water sorption on denatured egg albumin. Lower
half of each curve represents adsorption and upper half de-
sorption. The ordinates have been shifted by 8 units in W for
each succeeding temperature (i.e., subtract 8 units from 80°
curve, 16 units from 90° curve, etc.). Points are experi-
mental values.

structed with a silicon-0il14 U-tube manometer as a buffer
between the heated protein sample and the mercury manom-
eter. The quartz helix used in these sorption experi-
ments had a sensitivity of 29 8 mg./cm. The joints were
sealed with Dow Corning Silicone High Vacuum Grease.
Pressure readings and elongation of the quartz helix were
determined with a Gaertner cathetometer having a vernier
telescope readable to 0.005 cm. Calibration of the quartz
helix showed that it obeyed Hooke's law and that the prob-
able error of weighing amounted to £0.3 mg. Dry sample
weights were about 100 mg. It was shown that even at
100° the buoyancy correction lay within the reading error.
The sorption and desorption isotherms at 25 and 40° on
native egg albumin agreed closely with previous work on
the same system.689 The results of Mellon, et al.,6on de-
natured albumin agree well up to 0.60 relative humidity
(RH) with our interpolated data at 30° but fall below ours
by about 12% between 0.60 and 0.90 RH where interpolation
is less accurate.

Data and Discussion

A. Native Egg Albumin—Water sorption iso-
therms on native egg albumin have been obtained
at 25, 40, 55 and 70° and these results are presented
in Fig. 1 in the same units (g. H20/100 g. protein)
used by ref. s. Because it was thought that de-
naturation of the native protein sample would be-
gin near 70°, measurements were not carried out at
higher temperatures.

B. Denatured Egg Albumin.—An egg albumin
sample of the same lot number was rendered in-

(14) Dow Corning Silicone Fluid 703.
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Fig. 4.— Adsorption isotherm of denatured and native egg
albumin at 25° (lower curve) and 40° (upper curve). Ordi-
nate for 40° curve has been displaced by 8 units (i.e., subtract
8 units from W for 40° curve). In each case the solid line
represents the adsorption isotherm of native egg albumin.
The large open circles (O ) are experimental points for coagu-
lated egg albumin, the small open circles (o) are for alcohol
denatured albumin while the half solid circles (©) are for
steam denatured albumin.

soluble by heating in the presence of water vapor at
its saturation vapor pressure. New sorption iso-
therms then were obtained with this denatured
sample at 25, 40, 55, 70, 80, 90 and 100° and these
data are plotted in Figs. 3 and 4.

C. Coagulated Egg Albumin.—Some of the
same native egg albumin also was rendered in-
soluble by boiling it in solution. After purifying
and drying the coagulate, sorption measurements
then were made at 25 and 40° (Fig. 4) on this coagu-
late to compare this mode of dénaturation to that
described in B.

D. Alcohol Denatured Egg Albumin—To ex-
plore the uniqueness of the dénaturation process
still further, another insoluble egg albumin was
prepared by the addition of a native egg albumin
solution to USB ethyl alcohol. Water sorption iso-
therms (Fig. 4) then were made with this dried and
purified coagulate at 25 and 40°.

The data reported below 70° are those results
obtained after no further gain in weight over a 12-
hour interval. At the higher temperatures, sorp-
tion apparently was completed within an hour for
no further weight gain was observed over the next
six hours. Because the authors’ interest was in the
sorption results obtained at high partial pressures,
little attention was given to the details of the sorp-
tion process below 0.10 relative humidity. Al-
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Fig. 5.—Net partial molar heats of sorption on denatured
egg albumin at 25°, 40° and 55°. Upper half of each curve is
for desorption while lower half represents adsorption.

though the small amount of observed hysteresis may
indicate non-equilibrium sorption, the reproducibil-
ity of the isotherms both in sorption and in desorp-
tion is excellent.

From Figs. 1, 2 and 3 we note that sorption at a
given relative humidity (RH) decreases with in-
creasing temperature, the more so the less the
RH. These data also indicate that the extent of
hysteresis decreases with increasing temperature.
And the decrease or disappearance of hysteresis at
the higher temperatures always begins at the upper-
most end of the humidity range, moving further
down the sorption isotherm with increasing tem-
perature.

From Fig. 4, we note that the extent of water
sorption on the denatured egg albumin seems to
depend on the method of dénaturation. If the
molecular results of dénaturation are independent
of the method of dénaturation, then isothermal
water sorption ought to be the same no matter
what process has been employed to denature the
native protein. The sorption results suggest that
the end product of the dénaturation process is not a
definite thermodynamic state and that the use of
thermodynamic data to characterize the dénatura-
tion process is open to question.

Thermodynamics of Sorption
From the Clausius-Clapeyron equation we can

Robert L. A1tman and Sidney W. Benson
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Fig. 6.—Neat partial molar heats of sorption on denatured
egg albumin at 70°, 85° and 100°. Upper half of each curve
is for desorption while lower half represents adsorption.

write for the net partial molar heat of sorption,
AH a
ro[In(F/Po)]-{

AHs = -R
s L 60/T) J

where P/PO0is the ratio of P the vapor pressure of
sorbed water (at constant amount sorbed w) to that
of pure water Po at the temperature in question.
In differential form we can write

The slope (AP/PW AT)Wwas computed numerically
from a smoothed table of relative humidities con-
structed from the sorption values (W) of Figs. 1, 2
and 3. Some of these partial pressures for both
native and denatured egg albumin are presented in
Tables | and I1.

The results of these net heat of sorption calcula-
tions for denatured egg albumin at 25,40, 55, 70,85
and 100° are presented in Figs. 5 and s. These
calculations show that the enthalpy of desorbed
water is less than that of adsorbed water when hys-
teresis exists. It is also shown in Fig. 7 that the
entropy of desorbed water is less than that of the
adsorbed. From these data it is concluded that
desorbed water is bound more strongly than water
adsorbed at the same W and temperature T. This
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is, of course, indicated by the lower vapor pressure
of the desorption isotherm for any given W and T.
But, as shown in Fig. 7, the partial molar entropy of
the bound water on desorption is lower than it is
upon adsorption indicating that this water is some-
what less free to move than is adsorbed water.

In previous paperssis we have discussed qualita-
tively the nature of polar gas sorption on proteins
and the present results are in accord with the model
presented. The protein is behaving not as a rigid,
inert substrate, but rather as a deformable, reactive
material. The very unique type of hysteresis dis-
played by proteins is attributable to the rearrange-
ments of the molecular framework, induced by the
water sorption. In this sense the formal thermo-
dynamic quantities, calculated for the sorption
process, reflect not only the changes in the HD but
also the concomitant changes in the protein. Be-
cause of this, interpretation of the sorption-desorp-
tion cycle in terms only of the physical state of the
bound HD are necessarily incomplete and we shall
not enlarge further upon them here. The greatest
difficulty in the way of attempting any molecular
interpretation of the “thermodynamic” data lies
in the non-equilibrium nature of the hysteresis and
the consequent uncertainty thereby introduced into
the data. Until this problem has been satisfacto-
rily resolved it is perhaps wisest not to press further
the thermodynamic treatments made nor to ex-
pand upon the voluminous discussion already pres-
ent in the literature on the subject.

(15) R. Srinivasan and S. W. Benson, J. Am. Chem. Roc., 78, 2405
(1956); 78, 5262 (1956); 77, 6371 (1955), and earlier papers.
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Fig. 7.—Net partial molar entropy of sorption of water on
denatured egg albumin as a function of amount sorbed. Up-
per half of each curve (O) represents desorption and lower
half is sorption (#).

THE PHASE RULE: THE SIGNIFICANCE OF NEGATIVE DEGREES OF
FREEDOM

By H. F. Hattiwell and S. C. Nyburg

Department of Chemistry, University College of North Staffordshire, Keele, Staffs., England
Received December 7, 1959

It iscommonly held that the degrees of freedom (variance) of a system cannot be negative.

can exist and demand special properties of the components.

The phase rule summarizes the restriction on
choice of conditions if a specified number of
phases, P, involving a specified number of compo-
nents, C, are to be in equilibrium. This choice is
indicated by F, the number of degrees of freedom
(or the variance) of the system. We examine here
a particular type of system which might at first
sight appear unintelligible, namely, that exhibiting
negative degrees of freedom. Many authors state
categorically that Fj>o (or give the equivalent
result, P<fC + 2) but it is salutary to cite Gibbs’
original comments: on this problem2: “Hence if
P = G + 2 no variation in the phases (remaining
coexistent) is possible. It does not seem probable
that P can ever exceed C + 2. An example of
C = 1land P = 3 is seen in the coexistent solid,
liqguid and gaseous form of any substance of

(1) “Collected works of Willard Gibbs,” Yol. 9, Yale, 1948, p. 97.
(2) Our notation and italics.

It is shown that such systems

invariable composition. It seems not improbable
that in the case of sulfur and some other simple
substances there is more than one triad of coexist-
ent phases; but it is entirely improbable that there
are four coexistent phases of any simple substance.”

Gibbs does not here speculate on other systems
which would exhibit negative degrees of freedom.
It is not easy to see on what grounds he came to
conclusion that some kinds of system with nega-
tive degrees of freedom are more “probable” than
others. Suffice it to say that his improbabilities
have been frequently misconstrued as impos-
sibilities.

The phase rule is in essence a mathematical re-
sult which follows when a fixed number of variables,
pressure P, temperature T, chemical potential
p and, when required, composition x (mole frac-
tion), are related by sets of well-behaved functions.
Although, for example, two equations for a single
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independent variable are solvable to give one root,
this root may be physically unrealizable. Hence
the rule cannot predict whether a physical system
can exist; if the system exists, then the rule does
indicate the manner in which the variables are
interconnected. Thus as it happens, one-com-
ponent systems commonly exhibit triple points.
We must not be surprised however that some do
not (e.g., He3. We shall examine the problem
from three points of view: the functional relation-
ships underlying the phenomena, the P-T-p
diagrams and the phase diagrams.

The Functional Relationships.—In general the
chemical potential of the ith component in a phase
a is a well-behaved, single-valued function of P, T
and X\

M = fia (Pi“, Pi“, *i") e (@)

Only two-component systems will be examined,
the treatment for one- or multi-component systems
being similar.

For four phases a, ;3 y and 8 we have two sets of

equations which, using xf = 1 — x", etc., are
M = /1" (Pi*, Pi*, ®") M = ua (P24, PJ*, ZI')
— ... etc. *%& — ... etc.

At equilibrium these equations resolve to
[ (P, P, %) = I f (P, P, % = fit (P, r, *it) =
fiKP, P, zi«) and

m (P,P,*k) - 1¢ (P, P,*.") =

fi> (P, P, XIV) = M P, P, z.5)
These equations allow the six variables (P, T and
the x’s) to be uniquely determined (as Peg Teq,
Xieg, aZq), in accordance with F = 0. If now this
two-component system has a state in which a fifth
phase e is present, then the phase rule gives F =
—1. In this case an additional function will be
added to those above and this negative degree of
freedom will mean that not only are Peo, Teq and
the Xeq's uniquely determined but that all the func-
tions governing the ‘potentials in terms of P, T and
X must be related in a special way; in other words,
special physical properties are required of the two com-
ponents.

The P-T-jx Diagram.—The dependence of u on
P and T is most easily represented graphically by
surfaces on P-T-fi diagrams. Where these sur-
faces intersect stable (or metastable) equilibrium
conditions apply.

Figure 1 represents the type of P-T-p surfaces
for the vapor, liquid and solid phases of a single
component A. If these surfaces intersect, the
intersections projected on the P,T plane give the
familiar phase diagram. Now this single com-
ponent may exhibit a second solid phase (that it
might exhibit a second liquid phase is highly un-
likely) represented by a fourth P-T-p surface.
However for all four phases to coexist (P = 1)
all four P-T-p surfaces must intersect in a point.
This implies that there is a restriction on the nature
of the f(P,T)’'s. This is exactly the conclusion
we have reached previously; not any second solid
phase will suffice, that whose p has a special
f(P,T) is required. The physical situation is
rarely met.

Let us now examine the two-component (A,B)
case and let Fig. 1 again represent one component,

H. F. Hartiwell and S. C. Nyburg

Vol. 64

Fig. 1.—P-T-p diagram for a single component A.

Fig. 2.—Four coexistent phases for a one-component system,
F= —1

Fig. 3a.—General P-T -x diagram for two immiscible com-
ponents.
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say A. We are interested in the situation where
five phases could be in equilibrium: solid A, solid
B, A-rich liquid, B-rich liquid (all four of limited
mutual miscibility) and A,B vapor.

m %Ve now examine the effect on the P-T-p dia-
gram for A, of adding the vapor of component B to
A, assuming initially that such addition does not
appreciably affect the P-T-p surfaces for either
solid or liquid A (i.e., negligible miscibility). We
find that the P-T-p surface for component A in
the vapor is similar to that given in Fig. 1 but lies
above it. These surfaces he higher, the greater
the mole fraction of B present in the vapor, and
will cut the line TaX at new triple points in which
solid A, liqguid A and mixed vapor are in equi-
librium.

Now consider the P-T-p diagram of component
B. This will resemble Fig. 1 but of course, in
general, the positions of the intersecting lines will
be different. However the addition of the vapor
of A to B will raise the latter’s /;-vapor surface and
give rise in its turn to a new set of triple points for
component B. Now it could happen that for a
specified composition the two new triple points of
A and B had the same P and T values. In this
case the five phases could coexist. We thus see
that whereas F — 0 implies the intersection of
P-P-surfaces in a point, F = —1 implies the coin-
cidence of two points or, more strictly, since the
P-T-p diagrams for different components cannot
be meaningfully superimposed, the coincidence of
two projected triple points on the P, T plane.

Fig. 3b.—Phase diagram corresponding to Fig. 3a.

The Phase Diagrams.—For the one-component
case the P-T-x diagram is simply a P-T diagram
and from our previous discussion it is clear that this
latter will be of the type shown in Fig. 2, in which
the four phase-boundary lines meet in a point.

The nature of the P-T-x diagram for two com-
ponents depends in the first instance upon the
phase diagrams (i.e., P-T diagrams) of the pure
components. Initially we will assume the solids
and liquids of the components to be immiscible
and Figs. 3a and 3b show the P-T-x diagram and
corresponding P-T diagram for a general type of

The Significance of Negative Degrees of Freedom
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Fig. 4a.—Two-component system with five coexistent
phases, F = —1.

Fig. 4b.—Phase diagram corresponding to Fig. 4a.

behavior. It can be seen from these diagrams that
there are two values Pi,Ti and P2 T» at which four
phases can coexist. This is in agreement with
the phase rule which gives F = 0 and hence fixes
both P and T.

Figures 4a and 4b give the P-T -x and individual
P,T diagrams for the case where five phases can
coexist. For this to be possible P\,T\ and P2,P2
must coincide. It must be stressed however that
although crossing of the corresponding lines
TaXa, TbXb is necessary it is not sufficient since
they must coincide at the pressure and tempera-
ture which is that of the system. In Fig. 4b it



858

is not enough for TaXa and ToXb to intersect;
they must intersect at the point P',T' which is
also the intersection of the total pressure curve.

Clearly some immiscibility of both solids and
liquids is essential for five phases to coexist. If
the solids do not have the same mutual miscibility
as the liquids, phase diagrams such as Fig. 4a
look considerably more complex, the (horizontal)
total pressure line no longer stretching across the
diagram but confined to limited areas in the center
and moreover no longer at a height closely equal
to the sum of the vapor pressures of the pure com-
ponents. Further, the lines CD and DE of Fig. 3b
will probably not coincide at D but cut the five
phase line at different points. This would mean
that there was no composition-temperature con-
dition for the system at which increasing pressure
on the vapor would cause all four condensed phases
suddenly to appear together. The P-1-p diagram
is less suitable for illustrating this feature of the
system.

Conclusions.— Clearly it is not impossible for
systems to show negative degrees of freedom. We
have seen how such systems would however re-

Peter Cannon
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quire the components to have special properties.
In the case of one component we are unable to
cite an example. For two-component systems we
can utilize the well-known fact that if these com-
ponents have the same triple point, their melting
point curves will be virtually identical and very
steep. Thus we merely need immiscibility and
identity of normal m.p. for such a five phase system
to be a practical possibility. The following two-
component systems (the m.p. of each is given in
parentheses) will certainly very nearly meet these
requirements (exact fulfillment of the conditions
could possibly be met by suitable variation of the
isotopic composition of the components, hydrogen
of course excepted because of its relatively gross
difference from deuterium): mercury (—38.9°) +

diethylaniline (—38.8°); octafluorocyclobutane
(—40°) + 3-bromotoluene (—39.8°); gallium
(—29°) + 4-cyanotoluene (—29.5°); phosphorus

[yellow] (44.1°) + 1,2-diethoxybenzene (44.0°).

The argument applies to systems of more than
two components, but it becomes increasingly
difficult to cite examples with the necessary im-
miscibility and melting point identity.

THE SUBMONOLAYER ADSORPTION OF ARGON AND KRYPTON ON
MOLYBDENUM DISULFIDE; PHENOMENOLOGICAL COMPARISON WITH
STUDIES ON GRAPHITE

By Peter Cannon

General Electric Research Laboratory, Schenectady, N. Y.
Received December 10, 1959

The adsorption isotherms of argon and krypton in the submonolayer coverage region on samples of hexagonal molybdenum

disulfide are reported.

Extensive experimental detail is given, since this constitutes the first such report.

Two different

temperatures for degassing lead to different results, since oxide contamination is volatile at an intermediate temperature. A
comparison of the results with those published for graphitic substrates points out the conditions necessary for M0S2to be-

have as a homogeneous surface.

Introduction

Molybdenum disulfide exists naturally in a highly
anisotropic layer structure with trigonal sym-
metry.1 In agross sense, therefore, it is “graphitic,”
but two important differences exist between it and
graphite. The first is that the interlamellar space
is much smaller than in graphite, and the second is
the aspect of the basal plane, which consists of a
hexagonal close-packed array of sulfur, without the
periodic variation hole-atom-hole encountered in
graphite. The first of these differences is important
in that the physical intercalation of gases within
the lattice is more difficult to achieve with molyb-
denum disulfide, thus reducing the possibility of
error due to this cause in gas adsorption experi-
ments. The second is important in that the molec-
ular heterogeneity of the basal plane of graphite
may reasonably be expected to modify the proper-
ties of incomplete monolayers of various gases on
these substrates. The fact that molybdenum
disulfide possesses neither of these potential
disadvantages makes it of some promise as a

1) (a) R. G. Dickenson and L. Pauling, 3. Am. Chem. Soc., 45, 1466

(1923); (b) P. Hassel, Z, K rist61, 93 (1923).

homogeneous substrate for studying the thermo-
dynamic properties of dilute sorbed films, particu-
larly those of the rare gases. This paper describes
the results of such studies using argon and krypton:
it is perhaps worth mentioning that the substrate
used here is not the same as that molybdenum
disulfide employed as a destructive dehydrogenation
catalyst, which has been subjected to much study
by petrochemical groups.

There are no data in the literature on the ad-
sorption of the rare gases by hexagonal molyb-
denum disulfide: in fact, the substance has at-
tracted the attention of the surface chemist but
little, apart from its significance as a novel low-
friction material.

The first observations of adsorption on hexagonal
molybdenum disulfide were those of Kainuma and
Uyedaz who observed anomalous diffraction from
an oil-pumped electron diffraction set in which they
were studying the basal plane of the substance.
This result they interpreted in terms of bundles of
pump oil molecules lying flat on the basal plane,

2) Y. Kainuma and R. Uyeda, Proc. Phys. Math. Soc. Japan, 18,

563 (1936).
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parallel to the a-azimuth. In 1953, Ballou and
Rosss attempted to follow the effects of chemical
washings by measuring vapor adsorption on the
substance. Their low temperatures of degassing
make it appear unlikely that they were dealing
wdth a clean surface, and Ballous later published a
letter in which he disclosed some severe time de-
pendent effects in the adsorption of hydrocarbon
vapors on their experimental material. Lyashenkos
reported some work function changes as a function
of vapor adsorption, also in 1953, and included
Mo Sz in the materials he was studying. These
studies together with some brief French reportss
on stepped isotherms obtained on MoS2 and other
layer solids constitute the apparent extent of
knowledge to date.

Experimental

Procedure.— Measurements of adsorption were made on
a battery of quartz helix semi-micro balances, and on a
capillary volumetric system of the general type described
by Corrin,7and commonly used for the precise determina-
tion of surface areas by krypton adsorption. The quartz
helices were arranged in extra long envelopes so that the
samples were at least three feet, from the lowest point of the
helix proper. This was done to avoid thermal gradients in
the helices during outgassing and when the system was
cryostatted. The ultimate vacuum in these systems was
between 10~7and 10~6 mm., and the corrections and pre-
cautions commonly taken in accurate adsorption measure-
ments at lower pressures were used.

Pure liquid oxygen and pure liquid nitrogen baths were
used to maintain the samples at the experimental tempera-
tures. Pressures were measured with calibrated thermistor
and thermocouple gauges, McLeod gauges and with various
capillary and normal mercury manometers. The rare gases
were reagent grade materials obtained in sealed flasks.

The molybdenum sulfide samples were obtained as fine
powders from the Alpha Molykote Corp., Newtown, Conn.,
and as massive natural crystalline specimens from Ward'’s
Natural Science Establishment, Rochester, N. Y. One of
the massive specimens, a magnificent block of almost pure
molybdenite from New South.Wales, was some 10 X 5 X 5
cm. in size and appeared to be the largest and finest speci-
men obtainable at the time this work was done. The avail-
ability of such large crystals makes the chore of cleavage to
produce desired geometries less acute. The chemical analy-
ses of the samples are given below in Table I; the behavior
of these materials when they are heated in vacuo already has
been described.8 The sorbent samples in all cases were pre-
pared for the experiments by high temperature evacuation
in the measuring systems only; this appeared to be justified
since sublimation of oxide contaminants away from the
surface is believed to proceed rapidly at ca. 850°, and even
the natural material possessed considerable integrity as a
pure chemical species. The sorbent samples were held in
quartz tube sections on the volumetric lines, and in plati-
num buckets on the helix balances. Neither of these pro-
cedures is completely satisfactory, since there is a slow re-
action between molybdenum disulfide and quartz at high
temperatures, and the platinum buckets were visibly tar-
nished after two or three firings. In practice, therefore, new
quartz tubulations and new platinum buckets were used
in each separate experiment. The powder samples were
not subjected to any compression into plug form. The
apparati were equipped with mercury pumps and cutoffs
throughout. Oil pumps cannot be used because the hot
pump oil probably would react with clean molybdenum
sulfide. The effect noted by Kainuma2would also compli-

(3) E. V. Ballou and S. R0SS, T nis Journar, 57, 653 (1953).

(4) E. V. Ballou, J. Am. Chem. Soc., 76, 1199 (1954).

(5) V. A. Lyashenko, Trudy Inst. Fiz., Akad. Nauk., Ukr. S.S.R., 4,
33 (1953).

(6) L. Bonnetain, X. Duval and M. Letort, Compt. rend.. 234, 1363
(1952).

(7) M. L. Corrin, Tnis Journar, 59, 313 (1955).

(8) P. Cannon, Nature, 183, 1636 (1959).
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-KRYPTON PRESSURE, /iH?.

Fig. 1.—Adsorption isotherms of Kr on MoS. (degassed
at 950°) . Available data indicate that the isotherms ex-
tend to —(>00 8 without change in direction. Monolayer
point (BET) for the 77.4°lv. isotherm is 2.4(j cc.; Sxr =
12.90 m.2g.

KRYPTON PRESSURE, il Hg (SCALE B).
00 E00 500

T I ! r

Fig. 2—Adsorption isotherms of Kr on MoS, (degassed
at 350°). Available data indicate that the isotherms extend
to ~600 B without change in direction. Different modifica-
tions of symbols on the same isotherm indicate results from
replicate runs on different equipments. Monolayer point
(BET) from the 77.4°K. isotherm is ~1.6 cc.

cate matters. The use of stopcocks was restricted to the
pump side of the systems as far as possible.

Table |

Analyses of MoS, Samples Used in Sorption Studies

Mo, % 3, % Other
1 ft Powder (a) 58.89 41.03 0.06% Si, <30 p.p.m. Pb,
<0.01% Hg, <10 p.p.m. Ag
1200° Sinter (b) 61.65 38.47 .03% Si, <30 p.p.m. Pb,
<0.01% Hg, <10 p.p.m. Ag
Massive natural 58.4! 38.70 .09% Si, <0.01% Pb,
(Kingsgate, N.S.W.) <0.01% Hg, <50 p.p.m. Ag
Massive natural 59.4i 40.34 .06% Si, <30 p.p.m. Pb,
(Ontario) <0.01% Hg, <50 p.p.m. Ag
Calcd. for MoS2 59.99 40.01

The use of mercury in this case is also attended with con-
siderable practical difficulties, since though molybdenum
disulfide is a refractory material in vacuo, it is none the less
a sulfide, and any exposure of hot mercury vapor to the
clean sorbent results in a rapid reaction yielding a deposit
of /3-cinnabar throughout the system. It was therefore
necessary to provide many traps and baffles in the systems to
minimize the consequent rebuilding of our vacuum benches.
Most of the reported results in this paper were then ob-
tained from multiply replicated experimental observations.
It was found that mercury vapor itself was not noticeably
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Fig. 3.— Schematic diagram of the time variable pV be-
havior of argon on MoS2 and construction of the equilib-
rium envelope.

Fig. 4.— Adsorption isotherms of Ar on Mo0S2 degassed
at 950°. The 77.4°K. isotherm is the equilibrium envelope
constructed as described in Fig. 3 and the text. Inset shows
the form of the isotherms up to 500 ji. Different symbols
on the same isotherm indicate replicated data points.

adsorbed by clean cold samples, neither did its presence at
this stage affect the adsorption results with the rare gases.

Results.—The adsorption of krypton on MoS2 proceeds
in an orderly manner, the only major problem being that
the residual pressures in the early stages of coverage are
very small. Consequently, it is difficult to obtain pressure
values which are accurate enough to permit thermodynamic
calculations to be made intherange0 < 6 < 0.1 (77.4°K.),
where 8 is the fraction of a statistical monolayer of coverage.
At 90.2°K., as will be noted in Fig. 1, there is a strong in-
flection in the isotherm beginning at 0~0O.5, and this gives
rise to some variability in the results. Thus, Fig. 1 (90.2°
K.) shows the two most divergent sets of data obtained in
five separate experiments, performed severally by the author
and Miss C. P. Rutkowski. Figure 1 (77.4°K.) shows typi-
cal data points obtained from one of four overlapping and
coincident experimental plots. The data on both curves
extend to terminal pressures of approximately 600 n with-
out change in direction: at pressures in excess of ~1000 m,
however, both isotherms swing upwards, presumably due
to the onset of multilayer formation on the sample and its
container. These various times were found necessary to
permit equilibrium to be attained: residual pressures less
than 20 n, one day; 20/-200 ix, 1-4 hr.; 2004 and up, less
than 1hr.

When the adsorption of krypton was measured on samples
of Mo0S2 which had been degassed at only 350°, some dif-
ferent results were found (Fig. 2). Thus, the 77.4°K.
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isotherm exhibited a weak inflection in the region p/po~
1 X 10~3 this detail was foand repeatedly and was absent
after degassing the solid at temperatures in excess of 950°.
In addition, the broad inflection found in the 90.2°K.
isotherm on the high-temperature sample was absent from
the isotherm measured on the material degassed at 350°:
the relative magnitudes of the adsorptions at the same twu
measuring temperatures were similar at pressures in excess
of 100 1:, but the 350° sample gave a continuously rising
curve to the asymptotic line for pressures less than this, at
90.2°lv.

No permanent hysteresis was seen on any of these iso-
therms, though some slow desorption was measured on the
return trip at 90.2°K. on the high-temperature material.
Times to equilibrium were otherwise similar for both
samples.

The adsorption of argon in the range followed was much
more complicated. In general, at amounts adsorbed greater
than 0.12 cc./g., a peculiar time-dependent affect was seen.
Since these are fairly frequently encountered on “homoge-
neous” surfaces and sometimes not identified as spurious
effects but as first-order phase changes, it seems worthwhile
to describe the manner of approach to equilibrium. On
measuring the adsorption at 77.4°K. in a volumetric system,
a smooth curve would be obtained up to a coverage in ex-
cess of 0.12 cc., as shown by curve 1 in the schematic Fig. 3.
In this region, a trivial mechanical disturbance of the system
such as a gentle blow with a pencil on the sample, or a ther-
mal disturbance, such as removal and replacement of the
cryostat, would result in a sudden, sharp drop in system
pressure with a concomitant increase in the amount ad-
sorbed, giving the curve 2. By allowing progressively
longer times for equilibrium than for curve 1, the curves
3 and 4 were obtained. Two hours between points suf-
ficed in general to trace out the general envelope character-
ized by the lowest part of curve 1 and the maximum values
characterized by curve 2. The 77.4°K. curve on Fig. 4 is
then a synthesis of nine overlapping runs, in which the maxi-
mum values of v observed at given presures are plotted.
The 90.2°K. values are slow to come to equilibrium,
possibly because of the very close boiling points of liquid
oxygen and liquid argon.

Intercalation and Thermal Effects.—The magnitudes of
the observed adsorptions and the absence of permanent
hysteresis in this system makes it very unlikely that any
intercalation of the inert gases between the lamellae studied
did in fact occur. All the figures present data relative to a
final BET krypton surface area of 12.90 m.2g.: itwas found
that the high temperature degassing resulted in a net in-
crease in surface area of the sample of about 50%, from
ca. 8 m.2g. Electron microscopic examination of the high
temperature residue indicated that the samples still possessed
morphological integrity as hexagonal or trigonal arrays of
platelets. Somewhat higher temperatures (greater than
1100°) have to be employed to obtain any large amount
of sintering, which would cause “thermal activation” of
the solid and consequently give higher areas: even at these
higher temperatures, however, the sublimed MoS2 is of
hexagonal form8 and one would see only point or line
contact between platelets, with none of the sinter necking
and recrystallization observed in other well known cases.9
It thus seems likely that the increased area is due to a small
degree of thermal splitting o' the lamellae, either via com-
pressive failure along fault lines or by volatilization of im-
purities within the lattice. The first is considered more
likely from some very high resolution electron microscopic
studies. D

Anomalous results, explicable on the basis that argon
enters the entire crystal lattice, were obtained after exposure
of the substrate to ammonia vapor. Under no other cir-
cumstances were such results obtained, including prior
exposure of the substrate to water (the adsorption of
ammonia by MoS2is unusual and has profound electrical
and mechanical effects upon the solid: such results will be
presented in a later paper1l).

Discussion
The most important comparison to be made

(9) E.g., J. F. Goodman and S. J. Gregg, J. Chem. Soc., 3612
(1956); 694 (1959).

(10) V. A. Phillips and P. Cannon, unpublished results.

(11) P. Cannon, to be submitted to This Journal.
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using these data is with similar information on
graphite and graphitized carbon blacks.

In the many studies of the adsorption of rare
gases on graphite accomplished in the past decade,
there has been some argument concerning the
existence of vertical steps in the isotherms, which
have been interpreted in terms of second-order
phase changes in the adsorbed film. Thus, Jura
and Criddlei2 found some very complex structure
at low coverage in their isotherms, but reinvesti-
gation by others failed to give exactly similar re-
sults, 1317 though large, nearly vertical steps were
observedis-17 frequently at somewhat higher cover-
ages. No equilibrium vertical steps were seen in
the present work, though it is conceivable that the
inflection in the 77.4°K. isotherm on Fig. 2 could
be so described. With argon on the graphitized
carbon black P-33, Ross and Winklerss found that
at the lowest pressures (<30 p) at 77.8°K., the ad-
sorption followed the Henry law. Careful exami-
nation of the present data indicates that here the
adsorption of argon does not follow such a law.
But the present results for krypton on the 350°
degassed material are similar to those observed by
the same two workersis for this gas on P-33 at
77.4°K., with an inflection at p/p<s approximately
equal to 10-3. However, the present contention
is that the 350° Mo Sz sample is oxide contaminated
offering substantially different regimes of adsorp-
tion sites than the clean and smooth material.
The work of Gulbransen and Andrewz on the ad-
sorption of krypton on artificially smoothed graph-
ite is germane to this point. They regarded a
“new” graphite surface as full of irregularities,
since they found good linear BET plots for kryp-
ton adsorption; however, by controlled oxidation,
they rendered the surface topographically more
uniform (the adsorption of krypton being but little
affected by purely chemical factors). The adsorp-
tion isotherms became less well-behaved and the
corresponding BET plots had a similar appear-

(12) G. Jura and D. Criddle, T nis Journar, 55, 163 (1951).

(13) A. D. Crowell and D. M. Young, Trans. Faraday Soc., 49, 1080
(1953) .

(14) J. H. Singleton and G. D. Halsey, Jr., T nis
(1954) .

(15) H. Clark, ibid., 59, 1068 (1955).

(16) C. H. Amberg, W. B. Spencer and R. A. Beebe, Can. 3. Chem,,
33, 307 (1955).

(17) M. H. Polley, W. D. Schaefer and W. R. Smith, T his Journal,
57, 409 (1953).

(18) S. Ross and W. Winkler, J. Colloid Sci., 10, 319 (1955).

(19) S. Ross and W. Winkler, ibid., 10, 330 (1955).

(20) E. A. Gulbransen and K. F. Andrew, Ind. Eng. Chem., 44, 1039
(1952).
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ance to those found for Kr on the high tempera-
ture MoSz. This behavior was regarded as due
to oxygen bridging of the slots and pits in the
exposed graphitic surfaces.

McDermot and Lawtona recently have reported
data for krypton adsorption on a graphite “known
to be heterogeneous” (their sample Acheson GF-3)
and found low pressure results similar to those of
Ross and Winkleris and those reported here on the
350° material. Perhaps the homogeneity of the
GF-3 was better than was thought by the above
workers: in any event, use of the criterion of
vertical discontinuity in the isotherm for homo-
geneity of substrate surface seems to be justifiable
even on the basis of the above conflicting results.
However, it is quite apparent that such discussion
can only be developed further from considerations
of the various partial heats and entropies of the
adsorption processes, and that these must be de-
rived from accurate and replicated isotherm points,
as has been emphasized by others.22 In addition,
Tykodizs has advanced thermodynamic considera-
tions which make it seem unlikely that the vertical
discontinuities have any permanent significance.
Of course, there is a difference in kind between
time-dependent and time-independent steps, and
the latter appear from the recorded data to be
more gradual and continuous.

From the nature of the present argon results,
it is apparent {vide supra) that as many so-called
sharp discontinuities could be observed as experi-
ments run, and that their magnitude varied in-
versely with one’s patience. That they offer an
indication of a phase transition in the adsorbed
monofilm is hardly disputable, but it seems unlikely
that any quantity associated with them, other than
the coverage at which they first begin to be ob-
served, has any physical significance. In the pres-
ent work, they first begin to appear at a co-area of
400 A.2Ar atom, which is also the cross-section
of an argon gas atom at the temperature of the
experiment. The significance of this will be fur-
ther developed in a later discussionzs of the heats
of adsorption in the present systems.

Acknowledgments.—My thanks are due to
Miss C. P. Rutkowski, who performed the in-
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runs in each of the systems studied.

(21) H L McDermot and B. E. Lawton, can. 3. Chem., 37, 54
(1959).

(22) J. M. Honig, Ann. N. Y. Acad. Sci., 58, 741 (1954).

(23) R. J. Tykodi, J. Chem. Fhys., 22, 1647 (1954).
(24) P. Cannon, T nis Journa 1. 64, in press (1960).
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The heat of fusion of BiCl3was determined to be 5.68 + 0.08 kcal./mole with a drop calorimeter.

With sodium, potas-

sium and barium bromides and sodium iodide as solutes and the assumption of complete ionization, cryoscopic measurements
yielded heats of fusion approaching this value at high dilutions, e.g., 4.72 kcal. with solute concentrations less than 4.1 mole %

and 5.48 kcal. with concentrations under 1.5 mole %.
ment with the calorimetric value was found.

With sodium and potassium chlorides as solutes much poorer agree-
The discrepancy in results probably is due to strong interactions among

the ions, the interactions between BiCl3and the alkali chlorides being somewhat greater than those between BiCl3and the

bromides.

A phase equilibrium study of the KCI-BiCh system showed a glassy region and two solid phases, KjBiCle and

KBiCJ5 The possibility of complex and polymer formation in the melt is considered.

Introduction

Since few calorimetric measurements on inorganic
salts have been carried out, most of the values for
the heats of fusion in the literature2 were derived
from phase diagram data. In computing the heat
of fusion from such data, ideal behavior of the sol-
vent is assumed. In most phase diagram studies,
particularly with systems containing ions of higher
valence, the solutions are not sufficiently dilute to
permit this assumption. Furthermore, the ac-
curacy of the measurements is often insufficient for
the calculation of a satisfactory heat of fusion.
With these facts inmind it was decided to determine
the heat of fusion of a polyvalent salt, BiCI3
calorimetrically. Then, using alkali halides and
an alkaline earth bromide as solutes, a cryoscopic
determination of this value would provide an in-
teresting comparison of the methods and in turn
afford a study of the behavior of molten Bids.

Experimental

Materials.—The BiCl3was purified by distillation under
anhydrous conditions as described elsewhere.3 The salt
thus prepared had a melting point of 233.5°.

Reagent grade NaCl, NaBr, Nal, KC1, KBr and BaBr2
were dried by heating slowly in vacuo until molten.

Apparatus and Procedure. A. Calorimetry.—The drop
calorimeter was similar to that described by Goodkin,
Solomons and Janz.4 A tube furnace manufactured by the
Marshall Products Company was kept at constant tempera-
ture by a West Gardsman Controller. A uniform tempera-
ture zone in the furnace was ensured by emplo}dng a heavy-
walled tube made from a solid cylinder of nickel. The
furnace was secured in a stationary position about 13"
above the calorimeter. The path of fall of the sample from
the furnace to the calorimeter was through a glass tube,
divided into two sections to facilitate insertion and removal
of a cork stopper in the calorimeter chamber. The calorim-
eter, immersed in a water-bath maintained at 25.0° and
further shielded from the heat source by two transite plates,
consisted of a pint Dewar flask containing a fluid, a copper
drop chamber, a motor-driven glass stirrer, and a tempera-
ture measuring device. To minimize changes in the heat

(1) This work was supported by the Atomic Energy Commission.
It has been presented in part before the Division of Inorganic Chemis-
try at the National Meeting of the American Chemical Society in Chi-
cago, September. 1958.

(2) K. K. Kelley, U. S. Bur. Mines Bull. 393, 1936; L. Brewer,
ft at., "The Chemistry and Metallurgy of Miscellaneous Materials:
Thermodynamics,” ed. by L. L. Quill, McGraw-Hill Book Co., New
York, 1950; F. D. Rossini, et at., “ Selected Values of Chemical Ther-
modynamic Properties,” National Bureau of Standards Circular 500,
1952.

(3) S. J. Yosim, A. .1 Darnell, W. G. Gehman and S. W. Mayer,
This Journar, 63, 230 (1959).

(4) J. Goodkin, C. Solomons and G. J. Janz, Rev. Sci. Instr., 29. 105
(1958).

equivalent of the calorimeter over long periods of time by
evaporation of the calorimeter liquid, Dow-Corning Silicone
Fluid #200—viscosity 20 was used. This fluid has a low
vapor pressure and a constant specific heat over the tem-
perature range of the measurements. A Fiske precision
differential thermistor with an accuracy of *0.003° and
manufactured by Advanced Instruments, Inc., was em-
ployed as the thermometer; this in turn was calibrated
against a standard platinum resistance thermometer.
The thermistor probe, stirrer and glass entry tube, extending
from the cork-stoppered and paraffin-sealed Dewar flask,
were insulated from the water-bath by means of glass tubing.
The sample, consisting of about 10 g. of BiCI3 was loaded
in a 0.010" wall platinum cylinder, Vz" in diameter, in a
helium-filled dry box. The capsule then was crimped tight
and sealed with molten gold. To calibrate the calorimeter,
similar platinum tubes containing platinum or oxide-free
copper were used as standards. The temperature of the
sample vessel was measured with a Rubicon B potentiometer
using a platinum, platinum-10% rhodium thermocouple in
contact with the capsule and an ice-bath reference junction.

The procedure was similar to that described by Goodkin,
et at.,* and by Sturtevant.5

B. Cryoscopy.—Each salt mixture (about 10 g. in weight)
was weighed out accurately in a dry-box into a 13-mm.
Pyrex tube containing a thermocouple well extending about
0.5" into the mixture. The tube was clamped off before
removal from the glove box, then evacuated and sealed.
Details of the freezing point measurements previously have
been given.6 Several measurements were made on each
sample, and the freezing point was reproducible within an
average deviation of 0.1°.

It was found that molten BiCl3had a great tendency to
supercool. (In fact, violet-colored glasses are formed with
concentrations of KC1 or KBr greater than 20 mole %m)
Accordingly, approximately 0.5 g. of ground Pyrex glass was
added to act as a nucleating agent. This reduced the super-
cooling from several degrees (with no nucleating agent
present) to less than one degree.

For the higher temperature studies on the KCI-BiCls
system, Vycor capsules and platinum, platinum-10%
rhodium thermocouples, standardized against prefused
NaCl, were employed. Many of these mixtures formed
glasses and thus made temperature-time cooling breaks
extremely difficult to detect. In these cases the glasses
were allowed to devitrify in an oven at 100° for a week and
then heating curves were run.

Results and Discussion

The results of the calorimetry experiments are
shown in Table | and Fig. 1. A value of 5.68 *
0.08 kcal./mole was found for the heat of fusion
of BiCI3 This result is slightly higher than the
value of 550 = 0.15 kcal. reported recentlys and
is much larger than 2.6 kcal. listed by Kelley.2

(5) J. M. Sturtevant in Weissberger (Ed.), “Physical Methods of
Organic Chemistry,” Vol, I, Part I, Interscience Publishers, Inc., New
York, N. Y., 1949.

(6) S. W. Mayer, S. J. Yosim and L. E. Topol, “Cryoscopic Meas-

urements in the Bi-BiClj System,” T his Journal, 64, 238 (1960).
(7) M. A. Bredig, ibid., 63, 978 (1959).
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Tabte |

Heat Content Changes of BiCI3'6

Temp. Heat
Initial rise Heat of evolved,
temp, calorim- Obsd. Heat of sample, cor. to
of sample, eter, heat, capsule, cal./ 298.16°K.

Run °C. °C. cal. cal. mole cal./mole
g 178.9 0.981 229.24 69.27 3804 3867
2 190.0 1.003 234.38 73.97 4131 4190
3 200.0 1.055 246.53 78.58 4326 4384
4 204.3 1.155 269.90 81.19 4488 4544
5 206.0 1.070 250.04 81.12 4351 4417
6 210.5 1.130 264.06 83.46 4652 4705
7 220.3 1.191 278.31 87.99 4902 4956
8 225.0 1.289 301.21 90.52 5011 5082
9 225.4 1.200 280.42 89.92 4907 5228
10 225.8 1.320 308.46 91.25 5166 5218
11 231.9 1.255 293.27 93.06 5157 5228
12 239.7 2.400 560.83 96.98 11,032 11,130
13 243.6 2.450 572.52 98.80 11,266 11,361
14 247.2 2.480 579.53 100.76 11,386 11,466
15 249.7 2.490 581.86 102.02 11,412 11,489
16 256.4 2.553 596.58 104.90 11,693 11,783
17 258.7 2570 600.56 105.93 11,764 11,857
18 272.0 2.659 621.36 112.27 12,108 12,198
19 273.8 2.684 627.20 112.89 12,232 12,333
20 280.3 2.759 644.72 116.32 12,567 12,649
21 285.4 2.780 649.63 118.42 12,634 12,735

8Runs 2, 3, 5-7, 9, 11: 12.2432 g. BiCb in 13.6197 g. Pt
capsule, sealed with 0.4251 g. Au, corrected to 25.0°.
Runs 1, 4, 8, 10, 12-21: 13.2605 g. BiCl3in 13.5597 g. Pt
capsule, sealed with 0.5912 g. Au, corrected to 25.0°.
6 Experimental heat equivalent of calorimeter for above
temperature range = 233.68 cal./degree.

With this new heat of fusion and a melting point
of 506.7°K., the entropy of fusion of BiCh is cal-
culated to be 11.21 e.u. or about 2.5 e.u. per gram-
atom, a value close to 3 found for many saltss
The heat capacity of solid BiCU for the temperature
range 180 to 233.5° is 26.1 * 1.4 cal./deg./mole
and that of liquid Bids is 34.3 £ 1.1 cal./deg./mole
for the temperature interval 233.5 to 285°.

The heat of fusion of a substance also can be
calculated from the temperature of the solid-liquid
phase change by means of the relation

10g NI = 230372 (v f ~ t)

where Nu AHt and T; are the cryoscopic mole
fraction, heat of fusion and melting point, respec-
tively, of the solvent and T, the freezing point of
the solution. The cryoscopic mole fraction is
defined as

ni + nni

where n\ and n2 are the number of moles of solvent
and solute, respectively, and n is the cryoscopic
number of the solute, i.e., the number of foreign
particles per molecule of solute. Equation 1 is
valid if negligible solid solution and deviation of
the solvent from ideality occur and if the heat of
fusion is constant over the temperature range of
the measurements. The detection of eutectic
halts for virtually all samples from 1to 15 mole %
solute served to confirm the lack of solid solution

8) O. Kubaschewski and E. LI. Evans, “Metallurgical Thermo-

chemistry,” Pergamon Press, New York, N. Y., 1958, p. 191.
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Fig. 1.—Change of heat content of BiCl3with temperature.

Table 11
Freezing Point Depressions bt Non-chloride Solutes
in BiCli

Solute Solute, mole fraction« AlFf, °C.

NaBr 0.00275 0.38
.00465 0.75
.00666 1.10
.00985 1.64
.01023 2.20
.01470 2.62
.01730 3.31
.01970 3.98
.0210 4.62
.0259 4.70
.0310 5.95
.0392 8.40
.0405 8.45

KBi .00494 0.79
.00979 1.70
.01453 2.50
.01955 3.71
.0295 5.51
.0388 8.70

Nal .00490 0.84
.01078 2.07
.01560 3.38
.0211 4.50

BaBr2 .001326 0.51
.00259 0.59
.00540 1.32
.01033 2.66
.01530 3.81

r2(ni + Tit).



864

T, °C.

231.9 229.4 226.8

Table Il

Freezing Point Depressions of BiClI3 with NaCl and
KC1 Additions

Solute, # Cryoscopic
Solute mole fraction ATt, "C no.
NacCl 0.0200 2.52 1.41
.0311 4.15 1.50
.0428 7.45 1.99
KC1 .0215 3.16 1.65
.0418 6.71 1.80
.0427 5.73 1.51
.0606 10.0 1.86
.0969 21.0 2.44

formation of any consequence9; corrections in the
variation of the heat of fusion with temperature
are less thano .1 kcal.

The experimental results, shown in Tables Il
and 111, are plotted in Fig. 2 assuming complete
solute dissociation and a common ion effect for the
chloride ion. The calculated freezing point line
for BiCls with T{ = 506.7°K. and AHi 5.68
kcal. is included in Fig. 2 for comparison. It is
seen that the data for the chlorides are in much
poorer agreement with the calculated line than those
for the bromides and iodide. Even in the case of
the non-chloride melts, acceptable agreement is
not obtained unless solute concentrations below
15 mole % are considered. Then a heat of fusion
of 5.48 + 0.25 kcal./mole and a melting point of
233.7° (measured 233.5°) are found. If the
chloride solutions and/or the more concentrated
non-chloride solute melts are included in the least
squares analysis, the value for AHt is found to be
lower. For example, for non-chloride additions of
less than 3.1 and 4.1 mole %, heats of fusion of
5.04 and 4.72 kcal., respectively, are obtained.

9) Further, for the non-chloride solutes there appears to be no trend
in the data of Fig. 2 to suggest solid solution formation.
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Since no solid solution was found
and heat capacity corrections are
negligible, it appears that in the
case of the more concentrated
solutions the discrepancy between
the cryoscopic and the calori-
metric values for the heat 'of
fusion is due primarily to the de-
viation of the solvent behavior
from Raoult's law. Further, if
some solid solution did occur in
the more dilute compositions (less
than 1% solute) where eutectic
halts are difficult to detect, the
observed freezing point depres-
sions would be less than the true
ones and the AHi's reported
above would in turn be slightly
high, i.e., the difference between
the calorimetric and the cor-
rected cryoscopic values of the
AHswould be still greater. Thus,
except for fairly dilute non-chlo-
ride solute concentrations (less
than 1.5 mole %) and for very
dilute chloride mixtures (much
less than 1 mole %), the cryo-
scopic method is not satisfactory
for obtaining a heat of fusion in this system.

In the series of measurements with sodium and
potassium chloride solutes, Fig. 2 and Table 111,
the freezing point of BiCls was lowered to a larger
extent than was expected assuming a simple one
particle solute effect, i.e., the chloride ion acting
as a common ion. The cryoscopic numbers, ft,
for these solutes are given in Table Ill and are
seen to increase with increasing solute concentra-
tion. The deviations appear to be larger in the
chloride melts than in the bromide-chloride solu-
tions, an effect which may be due to the higher
charge density of the chloride ion. As glass forma-
tion and some phase transition below the assumed
eutectic occur in the KCI-BiCls system (see below)
and probably also in the NaCl-BiCls system, the
values of the cryoscopic numbers may be in error
due to some solid solution formation. However,
as can be seen in Fig. 3, eutectic or secondary
halts at 168° were noted with samples from 2 to
20 mole % KC1. If some solid solution does occur
in these systems below 2% KC1, the true values of
n would be even greater than those given in Table
1.

One interpretation of these strong interactions
is that the added halide ion associates with BiCls
in the melt to form a complex. Such complexes
as BiCU-, BiCls* and BiChBr= are known to exist
in agueous solution..o A phase diagram study of
the KCI-BiCls system (Fig. 3) showed the exist-
ence of two solid compounds, eongruently melting
KjBiCh and incongruently melting K2BiClI5 The
compositions of these compounds as well as the
absence of KBIiCls were corroborated by X-ray
analysis.1i1  The cryoscopic numbers larger than

(10) D. N. Hume and L. Newman, J. Am. Chem. Soc., 79, 4576, 4581
(1957).

(11) However, from the phase diagram the possibility of another
compound, such as KBiClk, still exists. The halts measured around

224.4
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unity obtained for the chloride solutes might result
from complex formation in the liquid; the existence
of solid compounds represents some evidence for
this although the presence of a stable compound
in the solid state does not necessarily establish
its existence in the liquid. Also, the occurrence
of color changes (yellow to violet) offers further
evidence for the existence of different bismuth
species in these melts.

Another mechanism that must be considered is
the formation of bismuth chloride polymers. In
this case a value of ft greater than two can be ob-
tained; Table Ill shows such an n at a compo-
sition of 9.7% KC1. This result is consistent with
the formation of a glass which was found to occur
in this system at KC1 concentrations greater than
20 mole % (see Fig. 3). This tendency toward
glass formation may also have an effect at low solute
concentrations. If this is the case, the cryoscopic
numbers found for the dilute melts may be the
result of several processes: (1) the chloride ion
acting as a common ion resulting in an n of one,
(2) local ordering or the formation of complexes
yielding n’s of one to two, and (3) polymeric as-
sociations producing n’'s greater than two. The
present data do not provide sufficient information
to distinguish which one or more of these processes
are occurring at a given concentration.

Thus, in the molten BiCls system, freezing point
data for the solutes used in this study do not yield
a satisfactory heat of fusion except at low solute
concentrations. Although these results may not
be typical of other molten salt systems, they do
suggest that heat of fusion values derived from
phase diagrams should be accepted only with
great reservations.

135° were smaller than those at 168° and may indicate another
eutectic, eutectoid or solid phase change.
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A8a part of a study of materials potentially useful as fluid fuels of high temperature nuclear reactors, equilibrium diagrams
for the condensed systems BeF2ThF4and LiF-BeF2ThF4have been determined. Both thermal analysis and quenching
techniques were used with phase identification accomplished by petrographic and X-ray diffraction analysis. The system
BeF2ThF4contains a single eutectic at 2.0 ThF, (mole %), melting point 527 + 3°. In association with primary phase
fields of the three components and five binary compounds there occur six ternary invariant points within the system LiF-
BeF2ThF4 Of these, only one invariant point is a eutectic. Unusual solid miscibility occurs in the compound 3LiF-ThF4
which appears as a single phase solid solution within the area bounded by 75 LiF, 25 ThF458 LiF, 16 BeF2 26 ThF459 LiF,

20 BeF2 21 ThF4(mole %).

Introduction

Molten fluoride mixtures containing uranium
tetrafluoride have been shown to be useful as
circulating fuels for high temperature nuclear re-
actors.2db Conversion of thorium to Uz2ss can be
accomplished in such a reactor if ThFas is included
in the fuel or if a molten blanket containing ThF4

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

(2) (a) A. M. Weinberg and R. C. Briant, Nuclear Set. and Eng,, 2,

797 (1957); (b) E. S. Bettis, J. L. Meem, R. E. Affel, W. B. Cottrell
and G. D. Whitman, ibid., 2, 804 (1957).

surrounds the reactor. Alkali fluorides with
beryllium fluoride can serve as solvent mixtures
in which moderate concentrations of uranium
tetrafluoride and/or thorium tetrafluoride can be
maintained in solution at 400-600°. Such mix-
tures are among the very few fused salt mixtures
which exhibit high enough concentrations of tho-
rium to be of interest in high temperature reactor
technology. Solutions of UFs4 and ThF4 in Li7F-
BeF2 or in NaF-BeF2 solvent mixtures have been
proposed as fuels for such converters.s
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Fig. 1.—The system BeF2ThF4

As a means of understanding the phase relations
existing in LiF-BeF2-ThFs+UF4 nuclear reactor
fuel mixtures, a study has been made of the binary
and ternary systems limiting the LiF-BeF2
ThFs-UF4 quaternary system. Except for the sys-
tem BeF>ThF4+UF4, which is presently under
investigation at this Laboratory, phase diagrams of
each of the other limiting systems have been
reported.4a h In this paper detailed phase dia-
grams are presented for the systems BeF>ThF4
and LiF-BeF>ThFa.

Experimental

Materials.—The mixtures used in these phase equilibrium
studies were prepared from reagent grade lithium fluoride,
beryllium fluoride and thorium fluoride. Lithium fluoride
was obtained from Foote Mineral Compare and from May-
wood Chemical Works, thorium fluoride from lowa State
College and from National Lead Company, and beryllium
fluoride from the Brush Beryllium Company. No impuri-
ties were found in the thorium tetrafluoride by X-ray
diffraction or microscopic analysis. Less than 0.25 weight
% impurities were found by spectroscopic analysis of this
material.

The phase equilibria data were obtained by thermal anal-
ysis of slowly-cooled melts and by identifying the phases
present in mixtures which had been equilibrated and
quenched. Because thorium fluoride is easily converted to
oxyfluorides or oxide at elevated temperatures5it was neces-
sary to remove small amounts of water and oxygen as
completely as possible from the starting materials. To
facilitate the removal of these substances ammonium bi-
fluoride was added to the mixtures of BeF2ThF4and LiF-
BeF2ThF4 before initial heating in the thermal analysis
experiments. As mixtures were heated the water was8

(3) J. A. Lane, H. G. MacPherson and Frank Maslan, editors,
“Fluid Fuel Reactors,” Addison-Wesley Publishing Co., Inc., Reading,
Mass., 1958, Chapters 11 and 12, pp. 567-594.

(4) (a) C.J. Barton, H. A. Friedman, W. R. Grimes, H. Insley, R. E.
Moore and R. E. Thoma, J. Am. Ceram. Soc., 41, 63 (1958); (b) A. V.
Novoselova, Yu. P. Simanov and E. I. Yarembash, Zhur. Fiz. Khim.,
26, 1244 (1952); (c) D. M. Roy, R. Roy and E, F. Osborn, J. Am.
Ceram. Soc., 37, [7] 300 (1954); (d) L. J. Wittenberg, ibid., 42, 209
(1959); (e) R. E. Thoma, H. Insley, B. S. Landau, H. A. Friedman and
W. R. Grimes, Tnis Journair, 63, 1266 (1959); (n C. F. Weaver,
R. E. Thoma, H. Insley and H. A, Friedman, J. Am. Ceram. Soc., 43,
213 (1960); (g) L. B. Rinehammer, P. A. Tucker and E, F. Joy,
“Phase Equilibria in the System BeFs-UF*,” in “Phase Diagrams for
Ceramists: Part I1,” by E. M. Levinand H. F. McMurdie, The Ameri-
can Ceramic Society, Columbus, Ohio, 1959, p. 98; (h) L. V. Jones, D.
E. Etter, C. R. Hudgens, A. A. Huffman, L. B. Rinehammer, N. E.
Rogers, P. A. Tucker and L. J. Wittenberg, “Phase Equilibria in the
LiF-BeF2-UF4 Ternary Fused Salt System,” MLM-1080, Aug. 24,
1959.

(5) R. W. M. D'Eye, /. Chem. Soc., 196 (1958).
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evaporated from the system. The oxides were converted
by reaction with the ammonium bifluoride to products which
have not been identified but which are likely to be ammonium
fluorometallates.6 Upon further heating the “ammonium
fluorometallates” decomposed to form the metal fluorides.
These same mixtures were used later in the quenching,
experiments.

Apparatus and Methods.—The techniques used for
measurement of the temperatures which define the phase
diagrams as well as the X-ray and microscopic techniques
for identifying phases have been discussed previously.
The accuracy of the temperature measurements reported in
these studies is limited by the characteristics of the chromel-
alumel thermocouples used. Manufacturers estimate this
accuracy to be within 5° in the temperature range 400-800°.
Except in the LiF and ThF4apices of the system LiF-BeF2
ThF4, so large an amount of reproducible phase data was
accumulated that statistically reliable calculations of stand-
ard temperature deviations could be made. These
deviations in the measurement of invariant temperatures are
+1°. Reproducible phase data were accumulated from
experiments performed using six sets of quenching and
temperature measurement apparatus, whose design and
operation is nearly identical. In each of these is incorpo-
rated 18 thermocouples whose independent readings were
used to determine a temperature calibration curve of the
thermal gradient within the furnace. This arrangement
causes error in a single thermocouple to be readily apparent.

Discussion of Results

The System BeF2-ThF4—A preliminary diagram
of the system BeF2-ThF4 has been reported from
this Laboratory.s The phase equilibrium diagram
reported here (Fig. 1) represents a synthesis of
thermal analysis and thermal gradient quenching
data obtained from mixtures of BeF2-ThF4
LiF-BeF>ThF4 and NaF-BeF>ThF4 The sys-
tem contains a single invariant point, the eutectic
at 527° and at 2.0 mole % ThF4 Molten mixtures
of BeF2 and ThF4 containing more than about 75
mole % BeF2 are so viscous at temperatures near
the liquidus that equilibrium is not reached after
heating for as long as three weeks. Rather than
employing very long annealing treatments use was
made of the fact that small additions of NaF or
LiF will so reduce the viscosity of melts that equi-
librium can be reached in less than three weeks.
Thus, solid-liquid transitions were determined
for mixtures having compositions near the BeF:
apex of the NaF-BclV-ThF4 system and extrapola-
tions based on these data were made to the limit-
ing binary system BeF>-ThF4 The results so
obtained for the range 0 to 25 mole % Thlqg in the
system BeF2-ThFa are shown in Table 1w and the
data in the system NaF-BeF>ThFas4 on which
these are based are given in Table Il. The
eutectic invariant composition and temperature,
and the liquidus values from 0 to 25 mole % ThF4
were determined in this way. The liquidus tem-
peratures for the less viscous region from 25 to
100 mole % ThF+ were determined by thermal

(6) B. J. Sturm, Oak Ridge National Laboratory, personal com-
munication.

(7) C.J. Barton, W. R. Grimes, H, Insley, R. E. Moore and R. E.
Thoma, Tnic Journar, 62, 665 (1958).

(8) H. A. Friedman, J. Am. Ceram. Soc., 42, 284 (1959).

(9) ORNL-2431, p. 36, October 31, 1957.

(10) Tables I, 11, 111, V and VI have been deposited as Document
No. 6241 with the ADI Auxiliary Publications Project, Photoduplica-
tion Service, Library of Congress, Washington 25, D. C. A copy may
be secured by citing the Document No. and remitting $2.50 for photo-
prints or $1.75 for 35 mm, microfilm, in advance by check or money

order payable to: Chief, Photoduplication Service, Library of Con-
gress.
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Fig. 2.—The system LiF-BeF2ThF4

Table IV
Invariant Equilibria in the Systems BeF2ThF4and LiF -BeF2-ThF4

Composition,

e mole % ------ Temp., Type
LiF BeF2 ThFi °C. invariant
0 98.0 2.0 526 Eutectic

47.0 51.5 1.5 356 Eutectic

15 83 2 497 Peritectic
335 64 2.5 455 Peritectic
60.5 36.5 3 433 Peritectic
65.5 30.5 4 444 Peritectic
63 30.5 6.5 448 Peritectic

analysis of BeFVThF4binary mixtures (Table I11).
Data have been obtained for the region 10-25
mole % ThFa by both the extrapolation technique
and by thermal analysis. The thermal analysis
values are lower by as much as 20°. As mentioned
above, equilibrium in the viscous region of the
binary system is not attained after annealing for as
long as three weeks. Consequently, non-equi-
librium effects are pronounced during the cooling
of a sample for thermal analysis. For this reason
the liquidus values obtained by extrapolating data
from thermal gradient quenching experiments in
the system NaF-BeF2-ThFs4 are much more re-
liable. Results of examinations of melts from
BeF2>-ThF4 thermal analysis and thermal gradient
experiments showed that the eutectic invariant
composition lies between 1 and 3 mole % ThF4
that the solidus temperature is between 525 and
530°, and that there are no intermediate compounds
in the system. The most precise results for the

Phases present
BeF2 ThF4 liquid
2LiF-BeF2 BeF2 LiF-2ThF4 liquid
ThF4 LiF-4ThF4 BeF2 liquid
LiF-4ThF4 LiF-2ThF4 BeF2 liquid
2LiF-BeF2 3LiFThF4ss, LiF-2ThF4 liquid
LiF, 2LiFBeF2 3LiF ThF4ss, liquid
3LiF ThF4ss, 7LiF-6ThF4 LiF-2ThF4 liquid

determination of the liquidus, eutectic temperature
and composition were obtained by the extrapolation
technique. A melting point of 548° was obtained
for pure BeF: by thermal gradient quenching.
This value is nearly identical with those reported
by most recent investigators.iiss The existence
of pure Bel 2 as a true glass (amorphous, by X-ray
diffraction analysis) in samples quenched from
temperatures above 548° confirms that this figure
is the melting point rather than a solid state transi-
tion temperature as has been suggested.4

The System LiF-BeF>ThF4—A diagram of the
liquidus temperatures for part of the system
LiF-BeF2-ThF4 was constructed at this Labora-
tory several years ago from cooling curve data, 12

(11) (a) D. M. Roy, R. Roy and E. F. Osborn, J. Am. Ceram. Soc.,
36, 185 (1953); (b) M. P. Borzenkova, A. V. Novoselova, Yu. P.
Simanov, V. |. Chernykh and E. I. Yarembash, Zhur. Xeorg. Khim., 1,
[932071 (1956).

(12) C. J. Barton, L. M. Bratcher and W. R. Grimes, Oak Ridge
National Laboratory, unpublished work, 1953.
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2LiFBeF2+ BeFj

f LiF+2LiF BeF2

UF + LIQUID
LiF-4ThF,+LIQUID
TLiF-6Thfr+LIQUID
3LiF-Thf~r 8§ + LIQUID
LiF-2Thfr +LIQUID
3LIFThF4 + LIQUID

3N x — N 5 e

LiF+ 3LiF-ThF4
3LiF-ThF4 +7LiF-6- hF4
LiF-4ThfA 4 Thfr

LiF-2ThFA + LiF-4ThFA

7LiF-6ThF4 +LiF-2Thf~

2 © o =
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Fig. 3.—The system LiF-BeF2ThF4

and a preliminary phase diagram of the system
has been reported by the authors.is The completed
polythermal phase equilibrium diagram of the
system LiF-BeF2>ThFa4 is shown in Figs. 2 and 3,
the invariant equilibria are listed in Table 1V,
and results of thermal gradient quenching experi-
ments are given in Ta-ble V. Supplementary X-
ray diffraction and optical phase analysis data to
those included in Table IV have been reported
elsewhere.1.s Thermal analysis data (Table VI)
provided information principally for the construc-
tion of the liquidus surfaces in the LiF and ThFs
apices of the system. Reliance was placed very
largely on thermal gradient quenching experi-
ments for the determination of liquidus tempera-
tures, boundary curves and invariant points.
Except at compositions higher in ThF4 concentra-
tion than about 40 mole % and higher in LiF
concentration than 80 mole %, the temperatures of
the inflections in cooling curves were likely to be in
error because of the presence of 3LiF-ThF4 solid

(13) R. E. Thoma, editor, “Phase Diagrams of Nuclear Reactor
Materials,” ORNL-2548. Nov. 2, 1959, p. 80.

(14) R. E. Thoma, Oak Ridge National Laboratory Central Files

Memoranda Nos. CF-57-2-42, Feb. 5, 1957, CF-58-2-59, Feb. 18. 1958,
CF-58-11-40, Nov. 14, 1958 and CF-59-10-18, Oct. 7, 1959.

solutions in regions of moderately high LiF con-
centrations, and because of sluggishness of crystal-
lization in specimens high in Bel'Y In quenched
preparations with compositions higher in BeF:
than approximately 45 mole %, liquids tended to
quench to a glass. In preparations with BeF:
contents less than this amount, liquids tended to
quench to “quench growths,” that is, extremely
fine-grained aggregates of dendritic or fibrous crys-
tals with glass, which had begun to form during the
guenching act. Such “quench growths” could be
distinguished easily from equilibrium crystalliza-
tions with the polarizing microscope but the
distinction could be made with difficulty, if at all,
in the X-ray diffraction patterns. In areas where
the 3LiF ThFa solid solution was a predominant
phase, equilibrium was difficult to attain, and to
define the area of a single solid phase it was neces-
sary to hold the samples at the equilibration tem-
perature for as much as three weeks.

In association with primary phase fields of the
three components and five binary compounds
there occur six ternary invariant points within the
system LiF-BeF>-ThF4 Of these, only one in-
variant point is a eutectic. Within the tempera-
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ture range of the study, that is.from the liquidus to
approximately 300°, no ternary compounds were
observed. Studies of the solid state relationships
extended only to temperatures of about 50°
below the solidus; consequently the ternary solid
state relationships of the compound LiF-BeF2
which appears only at sub-solidus temperatures in
the binary system, were not defined. Crystal
structures have been reported of all the equilibrium
compounds in the three limiting binary systems.16a e

A solid solution region of 3LiF-ThFa4is of interest
because within a roughly triangular areavery nearly
single phase material occurs at sub-solidus tem-
peratures with crystallographic and optical prop-
erties closely related to those of 3LiF-ThF4
This area is bounded approximately by the com-
positions (expressed in mole %) 75 LiF, 25 ThF458
LiF, 16 BeF2 26 ThF459 LiF, 20 BeF2 21 ThF4
The ordinary index of refraction is raised by solid
solution from 1.488 for the pure compound to an
observed maximum of 1.496 for that with the dis-
solved material. Besides the increase in refractive
indices the presence of solid solution causes a re-
duction in the unit cell parameters of 3LiF-ThF4
Both tetragonal unit cell parameters are reduced
equally by approximately 0.003 A./mole % BeF:
substituted in 3LiF-ThF4 The roughly triangular
area of homogeneous single phase solid solution
immediately below the solidus in the ternary system
at first suggests that 3LiF-ThF4 simultaneously
dissolves both BeF2 and ThFa4 of a gradient con-
centration ratio. T. Forlands has suggested that
two substitution models may provide an expla-
nation for the single phase solid-solid solution
area in the system LiF-BeF2-ThF4: (1) a substi-
tution of one Be++ ion for a Li+ ion with the forma-
tion of a Th+4 vacancy for every four Be++ ions
substituted for Li+ions to provide electroneutrality
and (2) substitution of a single Be++ ion for a Li+
ion with the simultaneous formation of a Li+
vacancy. Model (1) would afford a solid solution
limit in good agreement with the leg of the tri-
angular area with the lesser ThF4 content whereas
model (2) would give a line extending from 75
LiF-25 ThFa4 (mole %) toward 60 BeF240 ThFa
(mole %). This is a limiting line which has con-
siderably higher ThFs content than that found
experimentally.  Accordingly, it appears that
3LiF-ThFa4 solid solutions are constituted of 3-
LiF-ThFa4 in which BeF2 has simultaneously sub-
stituted for Li+ ions as described by the two models
proposed by Forland.

As previously noted, samples of compositions in
the solid solution composition triangle can be
quenched to single phase 3LiF-ThFs ss. Minor
variations in the unit cell parameters of 3LiF-ThF4
ss produced from samples quenched to this single

(15) (a) K. Spangenberg, Z. krist., 57, 494 (1923); (b) W. H>
Zachariasen (1947b) Manhattan District Declassified Documents»
1552; (c) V. M. Goldschmidt, “Geochemische Verteilungsgesetze der
Elemente: VIII, Untersuchen uber Bau und Eigenschaften von
Krystallen,” skrifter Videnskaps-Akad. Oslo, 1. Mat.
Naturv. Klasse, 1926, No. 8, pp. 7-156 (1927); (d) Erich Thilo and

H. A. Lehmann, Z. anorg. chem., 258, [3-5] 332 (1949);
Harris, G. D. White and R. E. Thoma, This Journal, 63,
(1959).

(16) Tormod F~rland, Norwegian Institute of Technology, Trond-
heim, Norway, personal communication.
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phase indicate that further reduction of the unit
cell parameters occurs with the formation of Li+
vacancies. In these samples unit cell reductions
are greater along the high ThFa4 leg of the 3LiF-
ThFasolid solution composition triangle than those
along the lower leg. The existence of this area
of single phase solid makes necessary four sub-
solidus two-phase regions. Three such regions
have been observed, ths region containing 7LiF-
s ThF4 and 3LiF-ThFs ss, the region containing
LiF-2ThF2 and solid solution, and the region
containing 2LiF-BeF2 and solid solution. The
fourth region, that of LiF and 3LiF-ThFa4 ss, is
so small that it has escaped detection. The oc-
currence of this solid solution also accounts for the
fact that 7LiF-6ThFs disappears in a peritectic
reaction which does not involve a binary phase of
LiF and BeF2

Single phase regions of homogeneous ternary
solid solutions are not unknown in fluoride salt
systems. These exist, however, as the result of
interaction of two solid solutions formed along
joins of one compound with two different com-
pounds. This case is unique in salt Srstems be-
cause no compounds are known which could provide
the solid solutions with 3LiF-ThF4 Comparable
solutions have been reported in the oxide systems
PbO-B203:Si0217 CaO-BAr-SiCVs and CaO-
Sn02Ti0219 Many 3MF-XFs compounds (where
M is an alkali metal ion and X is Zr, Hf, Th or
U) form tetragonal crystals where the coordination
number of the heavy metal cation is probably the
same as that of Th in 3LiF-ThF4 It would be
expected that future studies will show that Be++
substitutions will occur in these 3:1 compounds as
in 3LiF-ThF4 Preliminary investigations of the
system NaF-BeFz>ZrF4 suggest that this kind of
substitution occurs in the tetragonalo compound
3NaF-ZrF4

Thermal effects on cooling LiF-BeF2-ThF4
mixtures containing O to 45 mole % LiF and more
than approximately 5 mole % BeF: indicate that
BeF: reacts slowly in these mixtures. The thermal
effect associated with the apparent liquidus, on the
first cooling cycle, often occurred at an unrealisti-
cally high temperature. Second heats using the
same charge material generally produced a liquidus
break somewhat lower than occurred during the
first cooling. These and undercooling effects made
these data unreliable for definition of the isotherms.
Accordingly, isotherms in this composition region
were derived from the results of thermal gradient
.quenching experiments and measurements of liquid-
solid transitions in and near the limiting binary
systems. Erratic thermal effects were noted in
approximately the same LiF and BeF2 composi-
tions in the investigation of the phase equilibria
in the system LiF-BeF>UF4h

No systematic study of the structures in LiF-
BeF2-ThFa4liquids has been made, except to ensure
that no two liquid region exists in the low melting

(17) R. F. Geller and E. N. Bunting, J. Research Natl. Bur. Stand-
ards, 23 [8], 279 (1939), RP 1231.

(18) F. P. Flint and L. S. Wells, ibid., IZ[5], 745 (1936) RP 941.

(19) L. W. Coughanour, R. S. Roth and S. Marzullo, ibid., 54 [3],
155 (1955) RP 2576.

(20) L. A. Harris, Acta Cryst., 12, 179 (1959).
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temperature-composition regions. The sharp
change of slope of the ThF4 liquidus in the system
BeF2>-ThF4 at compositions approaching that of
the eutectic occurs similarly in the primary phase
fields of both LiF-4ThFs and LiF-2ThF4 for com-
positions in those primary phase fields near the
LiF-BeF2 limiting system.

The notable features of the systems BeF> ThFs
and LiF-BeF>-ThF4 are (1) the large primary
phase field of ThF4 (2) the proximity of the eutectic
to BeF:z in the case of BeF2-ThF4 and of the low
temperature even reaction boundary curves to the
LiF-BeF2 border of the diagram in the case of

Jack D. Hefley and Edward S. Amis
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LiF-BeF>ThF4 The large primary phase field
is undoubtedly the result of the relatively high
melting point of ThF4 as compared with that of
BeF2 and the proximity of the low temperature
boundary curves to the LiF-BeF:2 border is part
of the same result.

ments— It is a pleasure to acknowl-
edge the assistance of T. N. McVay who assisted
in some of the phase identification by optical mi-
croscopy. We are also grateful to W. R. Grimes for
his support and encouragement, and to T. Forland
and J. E. Ricci for their advice concerning several
aspects of the phase studies.
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Using the method of continuous variations at 25°, the complex ion U02ZC1+ was proved to exist in dilute aqueous solutions.
In more concentrated aqueous solutions, 0.237 to 1.58 M in uranyl ion, the complexes U02ZC1+, U0ZXC12and UOjClI,- were
found. With 30 and 60 volume % ethanol in the solvent, the complex ion U0ZC1+exists. All these complexes were found
using a tungsten lamp on the Beckman DU spectrophotometer. In 90 volume % ethanol using a hydrogen discharge lamp
on the Beckman DU spectrophotometer and a wave length of 288 my. the existence of the UOZC1+ ion was proved. The
equilibrium constant for the dissociation of the complex ion U0ZC1+ in water and in 30, 60 and 90 volume % ethanol was

found to be 2.28 X 10~2 1.65 X 10-1, 5.10 X 10 _1and 1.47 X 10~3 respectively.

Introduction

Several investigatorsi-4 have reported uranyl
complexes of the type U 02X +, where X is an anionic
complexing group. Mathews, Hefley and Amiss ex-
plained the orders with respect to TJ(IV) and U-
(V1) found in the U(IV)-U(VI) electron exchange
reaction in water, ethanol and water-ethanol sol-
vents by postulating the existence of the U020H +
and UOH+++ ions. Mathews, Wear and Amiss
have explained transference number data on uranyl
chloride by assuming the existence of U02C1+ and
U 02Cls~ions.

Since the uranyl ion-chloride ion complexes
mentioned above were strongly indicated by the
transference number data on uranyl chloride, it
seemed desirable to confirm their existence.

A spectrophotometric approach using the method
of continuous variations discussed by Vosburgh
and Coopers was selected for the study. This
method is more generally applicable when more
than one complex is formed in solution.

The dissociation constant for the UO02Cl+ ion
was found by the procedure of Foley and Anderson.1

(1) R. T. Foley and R. C. Anderson, J. Am. Chem. Soc., 71, 909
(1949).

(2) C. F. Baes, Jr., This Journal, 60, 878 (1956).

(3) F. Nelson and K. A. Kraus, 3. Am. Chem. Soc., 73, 2157 (1951).

(4) J. Sutton, J. Chem. Soc., S275 (1949).

(5) D. M. Mathews, J. D. Hefley and E. S. Amis, T his Journal, 63,
1236 (1959).

(6) D. M. Mathews, J. O. Wear and E. S. Amis, J. Inorg. Nuclear

Chem., in press.
(7) Vosburgh and Cooper, 3. Am. Chem. Soc., 63, 437 (1941).

BExperimental

Wave lengths which gave maxima in absorption values
were determined with a Beckman Model DK-1 Recording
Spectrophotometer using a tungsten or hydrogen lamp as
required and quartz cells of 10.00 + 0.01 mm. light path.
Absorption values were measured with a Beckman DU
qguartz spectrophotometer using a tungsten or hydrogen
Iamr? as required and quartz cells of 10.00 + 0.01 mm. light
path.

A Beckman Model G pH meter was used to measure the
pH of the water solutions.

The uranium trioxide obtained from Mackay Chemical
Company analyzed 99.8% pure. Uranyl perchlorate was
prepared from the trioxide by treating with perchloric acid
(Baker Analytical Reagent) with the method described
by Sutton.4 The concentrations of the uranyl perchlorate
solutions were determined by a procedure similar to that
given by Hefley, Mathews and Amis8 for uranyl chloride.
A measured volume of U0ZC10t)2solution was evaporated,
and the U0ZC104)y>dried and burned to LfiOs which was
\éveighed. The heating of the U02C1042 can be safely

one.

The NaCl and XaClO, were Mallinckrodt Analytical
Reagents which were dried and used without further puri-
fication. The sodium perchlorate was used to adjust the
ionic strength of the solutions to a constant value.

Solutions were prepared with distilled water at 25°.

The equilibrium constants for the dissociation of [U02C1] +
in dilute aqueous and alcohol solutions were determined
by the method described by Foley and Anderson.1

The detailed procedure in the determination of the em-
pirical formulas of the complexes was as follows. A series
of solutions was prepared in which the concentrations of the
uranyl and chloride ion were varied but the sum of the con-
centrations was constant. The acid concentration and
the ionic strength in each sample was constant.

(8) J. D. Hefley, D. M. Mathews and E. S. Amis, J. Imrg N.dear

adum, 12, 84 (1959).
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The blank used for each sample contained uranyl per-
chlorate of the same concentration as in the sample. In
alcohol containing solvents, the blank contained the
same amount of alcohol as the sample. Pechlorate ions
were found by Suttonlnot to form complexes with uranyl
ion.

' Optical densities of the various solutions were first meas-
ured at various wave lengths with a Beckman DK-1
recording spectrophotometer and in this way the wave
lengths of maximum optical densities corresponding to the
various complexes were determined.

Then careful continuous variation measurements were
made at these wave lengths with the more accurate Beck-
man DU spectrophotometer.

The equilibrium constants were determined making use
of the Beckman DU spectrophotometer for measuring the
optical densities of the sample containing the uranyl and
chloride ions in a 1:1 ratio diluted at constant ionic strength
with a solution of NaC10,].

The accuracy of the absorption values was found to be
+0.2% by using the same volumetric delivery and dilution
technigues as in the experimental runs on a solution
of potassium chromate as described by the National Bureau
of Standards.9 The precision was found to be +0.2%
by repeating the preparation and also by repeated measure-
ments on the same sample.

Data and Discussion

The results of the spectrophotometric investi-
gations of the uranyl ion-chloride ion complexes
are represented in graphical form in which the
optical density is plotted against the mole fraction
of chloride ion in the complexing components.

In dilute aqueous solution, 0.0200 to 0.1800 M,
maxima were observed to occur at 424, 450 and
466 /i as is shown in Fig. 1. At each of these
wave lengths a 1:1 ratio of complexing compo-
nents, correspondingtoan empirical formulaUO02C1+,
exist at the maxima of the curves.

When the same measurements were made on
more concentrated aqueous solutions, 0.237 to
1.58 M, four maxima and one minimum correspond
ing to three complexes were obtained as shown in
Fig. 2. The maxima and minima at X = 0.5,
0.67 and 0.75 in Figs. 1 and 2 indicate the exist-
ence of three complexes, UO0:C1+, UChCb and
U 02C1S-, respectively.

In 30 and 60 volume % ethanol runs, the maxima
at 424, 450 and 466 mu occur at 1:1 ratio of com-
plexing components corresponding to an empirical
formula of U 02C1+.

In the 90 volume % ethanol no maximum was
found in the visible region of the spectrum, how-
ever a maximum was found in the ultraviolet at a
wave length of 288 npi. At the maximum the ratio
of complexing components was 1:1 and the empiri-
cal formula of the complex was U 0.C14.

In Table | are given the data at 25° on the equi-
librium constant and the free energy for the dis-
sociation of the UO02C1+ complex in the various
solvents. The small equilibrium constants and the
resulting positive free energy of dissociation show
that the U 02C1+ complex is dissociated only to a
small extent and that the complex is stable.
The data in this table also give an idea of the drastic
effect of solvent on the equilibrium. The free
energy was calculated using the equation

AF° = —RT InK (1)
Mathews, Heflev and Amis found a similar de-

(9) Letter circular LC929 from the U. S. Dept, of Comm., National
Bureau of Standards, Wash., D. C., Nov. 26, 1948.
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Fig. 1—lonic species in dilute solutions.

pendence of the logarithm of the specific velocity
constant on the mole per cent, ethanol in the sol-
vent for the electron exchange reaction between
the U(1V) and U(VI) ions as is found here for the
logarithm of the equilibrium constant as a function
of the mole per cent, ethanol. The maxima in the
two curves fall at almost the same volume per cents,
of ethanol in the solvent. These authors assumed
the existence of U020H+ and TTOH-3s ions to ex-
plain the orders of the reaction with respect to
u((v), UVvl) and H:0 +ions. If we can extrapolate
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the data on the U 02C1+ complex to the U020 H +ion
in the Kinetic situation, it would appear that the
effect of the solvent on the stability of the U02X +
ion is a principal factor in the influence of the sol-
vent on the rate of the electron exchange reaction
between U (1V) and U (V1) ions.

The data for the equilibrium constants were
neither as precise nor as accurate as those for the
empirical formulas as is illustrated for 60 volume
% ethanol solvent in Table Il. The values of the
constants given in Table | are average values for
all the wave lengths used in the case of a particular
solvent.

Table |

E quilibrium Constants and Free Energy of Dissocia-

tion at 25° of the U02C1+ Complex in Various Solvents

Voi. % HCIO,, lonic AF‘,
ethanol pH M o strength K X 10-> cal./mole
0 0.50 1.238 22.8 2240
30 0.1411 1.238 165 1070
60 1411 1.238 510 400
90 .0088 0.078 1.47 3880

“In alcohol containing solvents the molarity of the acid
rather than the pH of the solution is given.
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Table Il

E quilibrium D ata for the U02C1+ Complex in 60 Vol-

ume % Ethanol Solvent
X ol 61 02 6S K X 10“'
424 0.040 0.040 0.0085 0.1915 5.36
450 .040 .040 .0085 .1915 5.36
466 .040 .040 .0087 .1915 4.57
Av. 5.10

The lack of relatively high accuracy and precision
in the case of the equilibrium data arose perhaps
from the fact that dilutions of the solutions had to
be made and optical densities read from graphs
prepared originally for obtaining empirical formu-
las of the U 02C1+ complex.

The data for the U02C1+and U 02C13 complexes
substantiate the assumption of their existence made
by Mathews, Wear and Amise based on transfer-
ence data.

Acknowledgment.—The authors are indebted to
the United States Atomic Energy Commission for
a grant under Contract AT-(40-1)-2069, which
made this research possible. J.D.li.is also indebted
to the National Science Foundation for a Coopera-
tive Fellowship which gave him financial support.
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The self-diffusion coefficients D for the ions in molten LiN03 NaNO03 KN 03 CsNO3and AgN O3 have been measured as a

function of temperature by the capillary method.
RT).
5.49 and 6.34; NaNOs, 4.97 and 5.08;
values for the diffusion coefficients, (D X
(2.93) and (1.15); NaNO,, 2.33 and 1.48;

ship is shown not to hold for molten nitrates.

The results are expressed in the form of the equation D =
The values for the energy of activation for diffusion, AH 4=, for the cation and anion, respectively, in kcal. are:
KNO3 553 and 5.76;

KNOag 1.52 and 1.35;
The results indicate that the diffusion coefficients of the cation vary inversely with ion size.
Values for phenomenological friction coefficients as proposed by Laity are all
positive and all but those for LINOs are of the same order of magnitude.

A exp(— AH =t=/

LiNO03
CsNO,, 5.61 and 6.28; and AgNO03 3.73 and 3.84. The
105), for the cation and anion, respectively, in cm.2 sec.-1 at 350° are: LiNO3

CsNO, (1.22) and (1.11); and AgNO, (2.40) and (1.40).

The Nernst-Einstein relation-

The friction coefficients for the relative motion of

anion and cation and for cation and cation increase with increasing cation size while those for anion-anion motion decrease

with increasing cation size.

-As part, of our program to elucidate the mecha-
nism of transport in molten salts, we have measured
the self-diffusion coefficients of the individual ions
in molten LiINO3 NaNOs, KNOs, CsNOs and
AgNOs as a function of temperature. The method
employed involved a determination of the rate at
which atracer ion diffused from a capillary tube into
a stirred bath of pure untagged nitrate. The
method was originally used by Anderson and Sad-
dingtonz in aqueous solution and has since been em-
ployed bv many others.sa We have reported pre-
viously the results of our measurements in NaNOs:s
The only other published work on self-diffusion in

(1) Work performed for the U. S. Atomic Energy Commission at the
Oak Ridge National Laboratory, operated by the Union Carbide
Corporation, Oak Ridge, Tennessee.

(2) J. S. Anderson and K. Saddington, J. Chem. Soc., S381 (1949).

(3) J. H. Wang and J. W. Kennedy, J. Am. Chem. Soc., 72, 2080
(1950); J. H. Wang, ibid., 74, 1182 (1952).

(4) R. Mills, ibid., 77, 6116 (1955), and previous papers.

(5) E. R. Van Artsdalen, D. Brown, A. S. Dworkin and F. J. Miller,
ibid., 78, 1772 (1956).

molten salts appears to be that of measurements in
T1Cle NaClr and ZnBrzs and only for NaCl are
data available for both cation and anion diffusion.

The nitrates were chosen for study because their
relatively low melting temperatures made it ex-
perimentally feasible to study the self-diffusion in
a group of compounds thereby permitting one to
note the effect of change in cation size and mass on
the diffusion process. The nitrates also lend them-
selves to the use of a combination of readily avail-
able stable and radioactive isotopes as tracers, en-
abling one to follow both the cation and anion diffu-
sion in one experiment.

The equation used to calculate the self-diffusion
coefficient D of a tracer in a pure salt

(6) E. Berne and A. Klemm, Z. Naturforsch., 8A, 400 (1953).

(7) A. Z. Borucka, J. O'M. Bockris and J. A. Kitchener, Proc. Roy.
Soc. (London), A241, 554 (1957).

(8) L. Wallin and A. Lunden, Z. Naturforsch., 14A, 262 (1959).
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has been deriveds from a solution of Fick’s law of
diffusion of a tracer from a uniform tube of length I,
closed at one end, into a bath containing zero con-
centration of tracer. Cois the initial concentration
of_tracer in the tube and Cae is the average con-
centration of tracer in the tube after time t. This
simplified form of the equation is good to better
than o .2 % under the conditions of our experiment.

Experimental

Apparatus.— The capillary tubes contained the
tagged salt were of transparent fused silica and were spe-
cially selected foruniformity of bore. They ranged inlength
from 3-5 cm. (measured on a micrometer stage to =+ 0.02
mm.) and had an external diameter of about 5 mm. with an
internal diameter of less than 0.7 mm. They were closed at
one end with a flat seal. The extremely small bore tubes
made the filling operation difficult. Nevertheless,
it was considered desirable to use them in order to eliminate
uncertainties due to convection which would have been
encountered with larger bore tubes.

The capillaries were filled in the apparatus shown in Fig. 1
in the following manner. Molten salt from the reservoir
G was drawn into the filling tube E by means of a screw
syringe. The filling tube then was maneuvered into the
silica capillary D. The salt was forced into the capillary,
filling it from the bottom as the filling tube was raised,
thereby preventing the trapping of gas bubbles. Some
insulation around the Pyrex tube A was necessary to attain

which

more

the somewhat higher temperature necessary for the CsNO03
experiment, but not enough to obscure the view of the fill-
ing operation.
of the experiments as well as the platinum capillary holder,
C. It was possible to fill as many as three capillaries to
be used concurrently in the same bath. When the salts
used were more dense than fused capillaries
were secured in the holder to prevent their floating to the
surface of the bath.

The diffusion experiments were carried out in a 3.5 in.

Pyrex capillary holders were used in many

silica, the

bore Marshall tube furnace 16 in. long, having ten external
taps for the attachment of shunt resistors to reduce the tem-
perature gradient. A heavy-walled Inconel liner was
placed in the furnace and an aluminum shield was used as a
cover. The furnace was controlled by a chromel-alumel
thermocouple which operated a Leeds and Northrup re-
corder-controller in conjunction with a Leeds and Northrup
“DAT?” controller. The temperature of the salt bath re-
mained constant to £0.3° during the course of the diffusion
period. The baths, made up of from 400 to 800 g. of salt,
were contained in either Pyrex tubes or platinum crucibles
depending upon which salt was being measured. The baths
were stirred with Pyrex or silica spiral stirrers powered by
100 r.p.m . constant speed motors. The temperature of the
bath was measured with a platinum, 90% platinum-10%
rhodium thermocouple by means of a Rubicon precision
potentiometer. The thermocouple was placed in a silica
tube which in turn was inserted in the salt bath close to the
diffusion capillaries.

M aterials.— The nitrates used were reagent grade ma-
terials which were dried in an oven at 120°. They were
heated slowly in situ under dry argon to the temperatures
at which the measurements were made. The radioactive
and stable isotopes used as tracers were obtained from the
Oak Ridge National Laboratory. The radioactive iso-
topes used were Na22 Csi3a and Agll0. The stable isotopes
were Li6, K 41, Ni1sand O 18

Experimental Procedure.— The capillaries filled
with tagged salt in the manner described above. The
molten salt was allowed to overflow slightly and cover the

were

top of the capillary tube to allow for contraction during the
transfer operation.
the filling apparatus to the furnace containing the untagged
salt bath without allowing the saltto freeze. This prevented
the formation of gas bubbles in the capillary. The capil-
laries were partially submerged in the salt-bath until tem-
perature equilibrium was reached at which time they were
completely submerged and the diffusion period was begun.

The capillaries were transferred from

) A. C. Wahl and N. A. Bonner,
Chemistry,” John Wiley and Sons, Inc., New York, N. Y., 77, 1951, p.
507.
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To

W hen sufficient time was allowed for about 60-70% of the
tracer to diffuse out of the capillary (about two to five days),
the diffusion period was ended by removing the capillaries
from the bath. The capillaries then were cleaned on the
outside and dried. If they contained radioactive tracer,
they were weighed and then placed in a 4ir high pressureion
chamber and counted. The activities were obtained in
terms of a reading on a Brown chart. Since a ratio was all
that was required, (Cave/Cc in eq. 1) no conversion to
actual counts was made. When the capillaries contained
stable isotope tracers, the salt was washed into a small
beaker by a stream of distilled water from a fine silica capil-
lary, transferred to the silica tubes in which the analysis was
to be made, and evaporated to dryness. The salt then was
analyzed for isotopic abundance with a G.E. mass spec-
trometer.

The initial isotopic concentration of the salt could not be
thereby neces-
These were

measured during an actual diffusion run,
sitating separate calibration determinations.
made in the same manner as were the diffusion runs except
that the capillaries were held under the surface of the salt-
bath only momentarily. By determining Coin this manner,
any errors incurred by the entry of the capillaries into and
their removal from the bath should be cancelled. When
stable isotopes were employed, the concentration of isotope
in the “normal” salt bath, Cn, as well as the initial concen-
tration of isotope in the capillary was obtained. It was
necessary to subtract Cn from both the numerator and
denominator in the term (C,.,,/Co ) in equation 1 to account
for back diffusion of the stable isotope from the normal bath
into the capillary. Ten to fifteen calibration runs were
made for each salt which gave values for Co good to *0 .5 -

1.0%.
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Results

The effect of a number of variables on the self-
diffusion coefficient D was studied during the course
of the measurements in NaNCh. It was found that
D did not change, within experimental error, with a
change in the length of capillaries (from 3-5 cm.)
or duration of the diffusion period (from 2-4 days).
This indicated that the stirring rate was suf-
ficient to prevent accumulation of tracer at the
mouth of the capillary but slow enough to prevent
an appreciable amount of liquid from being dragged
out of the capillary due to stirring. The rate
was somewhat lower than that used by Klemm:.s
It was approximately the same as that discussed by
Millss and found to be satisfactory within the ex-
perimental error of our measurements. Borucka,
Bockris, and Kitchenerz used a much slower rate
and also applied a correction for the stirring effect.
Their larger bore and rather short capillaries may
have led to the more serious stirring problem which
they encountered. A series of twenty diffusion
runs made with larger bore silica capillaries (ap-
proximately 1 mm. bore) led to values of D for Na+
NaNOs approximately 3% higher than those ob-
tained from forty runs made with the smaller bore
capillaries. A very definite loss in precision was
also noted. This certainly can be ascribed to a
greater influence of convection currents with larger-
bore capillaries in which case the stirring rate has
greater effect than with the smaller bore capillaries.

NaNOs was the only salt for which a separate
series of runs was made for the cation and anion.
O1s was used initially to follow the nitrate diffusion.
However, it was shown that the self-diffusion coef-
ficients of the nitrate ion as determined with N as
the tracer agreed very well with those determined
using Oss (Table I). Since N could be obtained
at a much higher enrichment than Ois and could be
incorporated in the salts more easily, it was used in
all subsequent measurements.

The self-diffusion coefficients D may be expressed
by an equation of the form

D = Aexp(-AH*/RT) (2)

where A is a constant, AH* is a temperature coef-
ficient factor generally considered to represent the
energy of activation for the diffusion, R is the molar
gas constant, and T is absolute temperature. The
parameters of this equation for the ions in the five
nitrates measured, as derived by the method of
least squares, are given in Table Il. Table Il also
includes the applicable temperature ranges for each
equation (60-70° above the melting points of the
salts) and the probable errors in D and A77*
The experimental values of D are given in Table I.

Tabte |

Self-diffusion Coefficients for Molten Nitrates

D
X 10®
° D X 10\ D X 105 ° cm.2
(, °c. cm.2sec.-1 t, °C. cm.2sec.-1 t, °c. sec. ~I
Li+in LiINOs Na+in NaNOs (cont'd.) NO3 in NaNOs*
264.0 1.46 324.6 1.97 332.5 1.30
1.43 1.98 1.33

271.3 1.59 330.0 2.04 343.4 1.40
1.53 334.6 2.16 1.43

279.0 1.66 2.10 364.3 1.67

A. S. Dworkin, R. B. Escue and E. R. Van Artsdalen
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1.66 2.13
288.5 1.72 344.8 2.18 K+in KNOs
1.78 2.16
296.3 1.92 2.26 344.8 1.51
1.93 349.1 2.32 1.51 -
309.7 2.16 2.30 1.44
2.16 2.22 345.5 1.49
320.5 2.39 2.38 1.48
357.6 2.46 352.9 1.53
NOs" in LIiNO,“ 2.43 1.54
2.42 359.0 1.57
264.0 0.510 360.0 2.52 1.67
.52 2.54 363.3 1.66
271.3 .60 368.4 2.65 1.66
.53 2.66 367.3 1.70
279.0 .59 2.60 1.74
.60 2.61 368.7 1.71
288.5 .60 2.70 1.70
.65 375.3 2.60 375.0 1.78
296.3 .70 2.76 1.75
72 2.70 381.2 1.88
309.7 .81 375.8 2.70 1.90
.82 2.75 389.0 2.06
320.5 .94 2.64 2.01
N a+in NaNOs NO3- in NaNOss NOs-inKNOs*
313.5 1.79 320.6 1.21 345.5 1.33
1.77 1.21 1.29
314.5 1.82 1.25" 352.9 1.32
1.73 1.21 1.35
315.5 1.93 328.7 1.27 359.0 1.53
1.83 1.27 1.49
1.81 1.27 367.3 1.54
1.85 350.9 1.48 1.49
320.5 1.91 1.49 375.0 1.61
1.97 1.51 1.58
1.94 359.4 1.56 389.0 1.80
1.57 1.77
. 1.59
Cs+ in CsNOs 154
366.2 1.52
428.7 2.02 153
4438 2.18 377.4 1.78
456.5 2.40 130
2.36
477.9 2.70 Ag+in AgNOs NO3- in AgNOs*
2.55 219.5 1.39 219.5 0.64
1.37 .59
NO3- in CsNOs* 233.0 1.19 233.0 62
1.23 .73
428.7 1.90 244.0 1.30 244.0 72
443.8 2.21 255.3 1.40 255.3 .82
456.5 2.37 274.5 1.58 274.5 .90
2.35 86
477.9 2.67 288.5 1.08
2.54 1.08

aN Bused as tracer. 608used as tracer.

The probable error in D as derived from the devia-
tions from the calculated least squares log D vs. I/T
lines is in general about +1.5%. The uncertainty
in AH* (the slope of the lines) is in general + 2-4%
although it is somewhat higher for the ions in CsNOs
and the nitrate in AgNOs.

Discussion

It appears that the energy of activation for dif-
fusion, AH*, for each of the ions measured is tem-
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Table 11

Self-diffusion Coefficient Equations for Molten

Nitrates
U= Aexp(-AHT/RT) cm.2sec. -
Probable  Applicable

4 x 18 (calA#l-)iie ] ir_eg?r':' tempc,cr_ange,
LiNO,
Li 2.47 5490 +110 1.5 264 320
NO:;, J.95 0340 = 270 2
NaNOj“
Na 1.29 4970 + 80 1.5 313-376
NO;, 0.90 5080 + 80 1.0
KN O3
K 1.32 5530 + 200 1.5 344-389
no, 1.42 5760 + 260 1.5
CsN 03
Cs 1.13 5610 + 270 1.5 428-478
NO, 1.78 6280 * 380 1.5
AgNO,
Ag 0.49 3730 + 80 1.0 219-289
NO, 0.31 3840 * 370 4.0
LReported previously; cf. ref. 5.

perature independent over the rather short tempera-
ture range of these investigations. The energy of
activation for cation and anion in each salt is ap-
proximately equal within experimental error (Table
I1).  LiNOsis the exception, in which case AH* for
the nitrate is somewhat larger. (Although CsNOs
appears to be an exception, it should be noted that
the experimental errors involved in the CsNOs
measurements were somewhat larger than those
with the other nitrates.) It may also be noted that
AH* for both of the ions in AgNOs is signifi-
cantly lower than those found for the alkali-metal
nitrates.

The observation was made at the conclusion of
the discussion of the NaNOs measurements;s that
the ratio of the self-diffusion coefficients of the two
ions is approximately proportional to the inverse
square roots of their masses. The data for the five
nitrates reported in this work, however, show that
the above relationship is not a general one. On the
other hand, a relationship between the diffusion co-
efficients and ion size does appear to exist. Table
11 lists self-diffusion coefficients for the nitrates at
350°. To compare the results at this temperature,
it was necessary to extrapolate the LiNOs and
AgN 0s values above the actual measured tempera-
ture range and the CsNOs below its melting point.
The CrIN 03 values, therefore, are hypothetical and
are included merely for the purpose of comparison.
Since the AH* values are all approximately equal,
a comparison at any reasonable temperature would
lead to approximately the same relative cation to
anion values for each salt and the same relative
cation to cation values among the alkali-metal ni-
trates as those shown in Table I11.  As can be seen
from Table 111, the self-diffusion coefficient of the
cation is larger than that for the anion in each salt.
The self-diffusion coefficient of the cation is highest
for the Li+ in LiNOs and decreases with increasing
cation size. The product of the cation diffusion
coefficient and cation radius (D+r+) is given for
each salt in Table I11. The constancy of this quan-
tity suggests that the cation diffusion coefficients
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vary inversely with the cation radius. AgNOs does
not fit in this order. However, since AH* for the
ions in AgNOs is significantly different from that
for the alkali-metal nitrates, the extrapolated diffu-
sion coefficients in AgNOs at 350° are not indicative
of the relative values at all temperatures. The
data for the anion diffusion coefficients indicate
that the D_ for the N0O3~ in LiNOs is somewhat
lower than would be expected. The above consid-
erations seem to indicate that the migration of the
ions is affected more by the ion size or core repul-
sions than by the attractive forces which are mainly
coulombic. If the latter were the most important
factor, one would expect Li+ in LiNOs to have the
smallest diffusion coefficient. One must be careful
not to ascribe too much importance to any correla-
tions of radius with diffusion coefficients, such as the
relative constancy of D+r+, or to any speculation
which follows from such correlations. The effec-
tive radii of the ions in the melt may very well dif-
fer from the crystal radii used in the above correla-
tions. In this connection, it may be significant to
note that at 350°, the molar volume of AgNOs is

Table 111

Self-diffusion Coefficients at 350°

D+ X 10« D- X 105
cm.2sec. 1 cm.2sec.-1 D+ F*
LiNO, 2.936 1.15* 1.99
NaNoO, 2.33 1.48 22
KNO, 1.52 1.35 202
CsNO, 1226 1116 2.04
AgNoO, 2.406 1.4U6 3.02
° The following ionic radii (in A.) were used to calculate
D+t+: Li+, 0.68; Na+, 0.95; Ag+, 1.26; K+, 1.33; Cs+
1.67. bExtrapolated.

less than that of NaNOs although the radius of the
silver ion as given by Pauling is considerably larger
than that of the sodium ion.

There has been some discussion7iio concerning
the applicability of the Nernst-Einstein relation-
ship in molten salts. This relation between the
equivalent conductance (A) of the medium and the
self-diffusion coefficients of the cation and anion
(D+ and z)_) for a uni-univalent electrolyte is given
by the equation

A= - (D + +D .) (3)

where F is faraday’s constant, R is the gas constant,
and T is the absolute temperature. Although this
relation is valid for electrolyte solutions at infinite
dilution and in some cases for ionic crystals, the
equivalent conductance of molten salts as calculated
from equation 3 is always higher than the experi-
mental value. A(calculated) is higher than A(exp.)
for NaClz by about 40% and, for the nitrates, by
about 30% for LiNOs to about 65% for CsNO03
Borucka, Bockris and Kitcheners apparently have
assumed that the Nernst-Einstein relation is ap-
plicable in molten salts and that discrepancies are
due entirely to “molecule” or “vacancy-pair” diffu-
sion. On this basis, they have calculated self-diffu-
sion coefficients for the ions and “molecule” in molten
NaCl which agree very well with those calculated
from the Stokes-Einstein relationship. Yanguw has

(10) L. Yang, J. chem. Phys., 27, 601 (1957),
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also done this using our previously published values
for NaNCV and again obtained good agreement for
the ions (although not for the molecule). When
this treatment is applied to the remaining nitrates
the agreement is in general poor. However, the
calculations from which the three “true” self-dif-
fusion coefficients (i.e., cation, anion and molecule)
are derived are based on a fallacy. As Laityu has
pointed out, “ .... in the calculations from the con-
ductance and self-diffusion data no account has
been taken of the relative concentrations of ions
and molecules, a factor which has a controlling ef-
fect on the values calculated for the three ‘true’
self-diffusion coefficients.” In light of the above,
the apparent corroboration of the hypothesis of
Borucka, Bockris and Kitchener when applied to
NaCl and NaNO0s must be considered fortuitous.

Laityu has proposed a method of writing phe-
nomenological equations for the description of elec-
trical and mass transport which give rise to a set of
friction coefficients. These quantities relate the
results of such measurements as electrical conduct-
ance, transference numbers and diffusion coefficients
in such a way that a single type of physical con-
cept can be applied in interpreting the results of all
three. For a pure molten salt, equations (4), (5)
and (s) can be derivedu (assuming only two ionic
species).

= [(+ + *-)/r+-] @

and
= (z+ + z)/(z+r+_ + z_r++) ®)

and
= (z+ + z-)(z_r+_ + z+r_) (6)

where r+_, r++ and r— represent the friction coef-
ficients for the relative motion of unlike and like
ions, respectively, and z is the ionic charge. (The
symbols D++ and lI)— are used by Laity in the
same sense as D+ and D~ are used in this work.)
It can be shown that the Nernst-Einstein re-
lationship (equation 3) is a very special case of
equations 4, 5and .11 The friction coefficients for
the nitrates were calculated using equations 4, 5
and s from values of D+ and D_ (some of which are
extrapolated) and from the equivalent conduct-

lip R. W. Laity, 3. chem. Phys.. SO, 082 (195
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ance measurements given with the friction co-
efficients in Table IV. All of the friction coef-
ficients are positive and except for LINCR r+-~,
r++, and r__for each salt are of the same order
of magnitude indicating, according to Laity, that g
high degree of association need not be postulated
in the melt and that the choice of the ions as the
mobile species is probably a proper one. It can
be noted that for the alkali-metal nitrates the
r+_ and r++ values increase with increasing
cation size while the r— value decreases with in-
creasing cation size. For each salt, r++ is always
less than r+_ and r— For the alkali-metal
nitrates, the friction coefficient for the relative
motion of unlike ions is always larger than that for
like ions except in the case of LiNOs where r—
is larger. LiNOs is also the only salt in which
AH* for the nitrate is larger than that for the
cation, the others all showing approximately equal
values of A//* for cation and anion. This seems to
indicate that in the latter cases, migrations of
both anion and cation are complementary inter-
actions while for the nitrate in LiNOs, the anion-
anion interaction is the important factor.

Table IV

Friction Coefficients for Molten Nitrates
r++ X 10-«

ohﬁis-l (, r+- (joules/

cm.l °C. X 10« cm-Vsec) r_- X 10-a
LiNOCa 53.02 350 351 0.03 5.50
NaNO, 52.783 350 3.53 .92 3.47

72.3 450 2.57 .39 2.03
KNO, 35.94 350 5.19 1.63 2.48

54.8 450 3.39 0.78 1.28
CsNO03 42.44 450 4.39 .87 0.99
AgNOa 55.783 350 3.34 .98 4.06

As is the case with the diffusion coefficients,
other correlations of radius with friction coefficients
are obvious, but are too speculative to make at the
present stage of development of the theory of
transport processes. Further application of the
apparently useful hypothesis advocated by Laity
toward the derivation of a quantitative theory to
explain transport properties in molten salts awaits
the availability of more experimental data (e.g.,
inter-diffusion coefficients in mixtures).

(12) F. M. Jaeger and B. Kapma, z. anorg. chem., 113, 27 (1920).

(13) J. Byrne, H. Fleming and F. E. W. Wetmore, can. 3. chem .,
30, 922 (1952).

(14) D. F. Smith and E. R,. Van Artsdalen, unpublished data.
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ANOMALOUS SOLVENT EXTRACTION EQUILIBRIA
DUE TO VIOLENCE OF AGITATION

By Kenneth A. Allen and W. J. McDowell

Oak Ridge National Laboratory, Oak Ridge, Tennesseel

Received January 7, i960

_It is shown that previously anomalous dependences of uranium extraction coefficients on tri-ra-octylamine sulfate and
di-n-decylamine sulfate concentrations :n benzene are due to metastable conditions induced by the vigorous agitation cus-

tomarily employed in separatory funnel equilibrations.

Nearly theoretically ideal results are obtained on slow equilibra-

tion in special cells which limit the liquid-liquid interfacial area markedly, and prevent interfacial turbulence completely.
An explanation is proposed, based on adsorption of the critical components at the much larger interfacial area generated
during vigorous agitation, which accounts for the long-term persistence of the anomalous effects after phase clarification.
It is believed that this is the first observation of such effects in liquid-liquid extraction systems.

Introduction

It has been pointed out in previous papers that
in the extraction of uranyl sulfate from acidic
aqueous sulfate solutions by benzene solutions of
tri-n-octylamine sulfate (TOAS) and di-n-decyl-
amine sulfate (DDAS), anomalies appeared when
attempts were made to reconcile the uranium
extraction coefficient dependences on extractant
concentration with other measured parameters.2-4
For example, while the reagent dependences were
apparently nearly first power for both amines,
consistent evidence from quite independent ex-
periments indicated from two to three amine sul-
fates per uranium in a mononuclear complex.
For a monomeric extractant such as TOAS, the
corresponding reagent dependence should be second
or third power, while for the large DDAS particle
the reagent dependence should be nearly zero
power, as predicted previously from particle size
determinationsss (i.e., the extraction -coefficients
should have been nearly independent of the DDAS
concentration.

One of us (McD) had suggested several years
ago that spurious distributions could result from
metastable conditions induced by the vigorous
agitation customarily used in liquid-liquid equi-
librations (e.g., organic droplets small enough so
that a significant portion of the extractant could
be adsorbed at the liquid-liquid interface). The
present paper describes the results of experiments
designed to test this hypothesis.

Experimental

The amines and the pertinent analytical methods have
been described elsewhere.23 The other materials were of
the usual reagent grade. In a typical run benzene solutions

(1) Operated for the U.S.A.E.C. by Union Carbide Nuclear Com-
pany.

(2) K. A. Allen, 3. Am. Chem. S o ¢ 80, 4133 (1958).

(3) W. J. McDowell and C. F. Baes, Jr., This Journal, 62, 777
(1958).

(4 K. A. Allen, ibid., 62, 1119 (1958).

(5) Light scattering and viscosity measurements have shown that
each DDAS micelle contains ca. 40 monomers, while the DDAS—
uranyl sulfate complex is a monomer.4 Thus, for UO2S04 -

3/40(DDAS)<o0 = UOzSOr3DDAS,
[UOSCV3DDAS], I
K  [UO:SOuJeq[DDAS loe34
and since

we havee = A-[DDASj1, wherev < 0.1, and wide variation in [DDAS]
should affect e only slightly.

of the amines, ranging from 0.2 down to 0.006 N, pre-equili-
brated with an aqueous solution of a given sulfuric acid ac-
tivity, were pipetted into separatory funnels with aqueous
phases of the same acid activity, but containing 0.05 mole of
uranyl sulfate per equivalent of amine present in the corre-
sponding organic layer. The funnelsw ere shaken in a25.00
+ 0.01° bath at a fixed amplitude and frequency (ca. 100
strokes per min.) by a motor driven assembly. This degree
of agitation was sufficient in all cases to produce droplets
small enough so that the dispersions acquired the visible
texture of a reasonably well homogenized emulsion. After
shaking for a given length of time (well in excess of the few
minutes known from previous work to be sufficient for the
establishment of equilibrium2), the funnels were allowed to
stand until the phases became clear enough for sampling.
The primary phase separation usualty was complete within a
few minutes; 30 minutes to an hour was allowed for coales-
cence of the very fine droplets sometimes present, and filtra-
tion was used as a further precaution against entrainment.
Small samples of the aqueous layers were taken for uranium
analysis (since the extraction coefficients were large, analyz-
ing the agueous phases allow'ed accurate calculation of the
organic uranium concentrations from material balances),
and 50-ml. portions of both phases were transferred to cells
in which the phases could be stirred by paddles while main-
taining an almost quiescent interface, with the same liquids
in contact as before. The cells were immersed in the 25°
bath, and the paddles were run at 10, 25 and sometimes
60 r.p.m. by synchronous motors.6 In no case were the in-
terfaces broken, and in all cases the aqueous layers were
sampled at intervals (e.g., daily) until constant uranium
analyses indicated the attainment of equilibrium. At this
point 25-ml. portions of each phase were transferred back
to separatory funnels, again with the same liquids in con-
tact, and the vigorous agitation step was repeated, followed,
of course, by another aqueous uranium analysis.

The extraction coefficients (E — [UJor8[U]aq) were suffi-
ciently high in these runs so that depleting the aqueous
volumes by removal of the 1-ml. samples required for fluori-
metric uranium analysis made only negligible changes in
the over-all uranium material balances. Likewise, the shaft
seals were of sufficient integrity so that evaporative deple-
tion of the organic volumes was also negligible.

Results and Discussion

The extractant concentration dependences ob-
tained by the two methods of equilibration with
the normal sulfate forms of TOAS and DDAS
are shown in Figs. 1 and 2 respectively.z It is

(6) In the early runs extreme caution with the new technique led
to the choice of 10 r.p.m. Later, with an improved cell design, it
was found possible to drive the paddles at 25 and even 60 r.p.m.
without disrupting the interfaces. Incidentally, the latter were not
planar; shallow undulations slowly followed the paddle rotation.
However, the interfacial area during the runs was at most only a few
per cent, larger than the corresponding internal cross section of a cell.
The times required for equilibrium were about one week at 10 r.p.m.,
a few days at 25 r.p.m., and less than 12 hours at 60 r.p.m.

(7) The reagent concentrations plotted here are the total equivalents
of amine per liter. It isrealized that at 20:1 loading between a quarter
and a third of the extractant is tied up with uranium in the complex,
and also that at these acid activities neither amine is completely in
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TOAS, N.

Fig. 1.—Uranium extraction coefficient dependence on
TOAS concentration in benzene, with loading constant at
0.05 mole U per equivalent of amine, and aqueous phases con-
taining 0.005 M H2S04only; A, vigorous agitation in separa-
tory funnels; O, slow equilibration in limited interface con-
tacting cells.

DDAS, N.

Fig. 2—Uranium extracting coefficient dependence on
DDAS concentration under the same conditions as those for
TOAS, Fig. 2; O, vigorous agitation; A, slow equilibration.

obvious that with both amines there are startling
differences between the vigorous agitation results
and those of the limited interface equilibrations.

Consider first the TOAS results. Below ca.
0.025 N the two equilibrations agree both with each
other and with theory.s Above this concentration
level the two methods diverge both from each other
and from the line of slope three, but the limited
interface results diverge from the line less than the
the normal sulfate form (k. A. Allen, This Journai, €3 239, 943
(1956)). However, since the extractions were run at constant uranium
loading and at constant acid activity the fraction of free amine sulfate
in equilibrium with the other components was the same over the whole
concentration range and for both types of agitation. Thus, the
experimental conditions permit the use of the total amine concentra-
tion as a valid representation of the behavior of the actual extractant
molarity without the necessity of making questionable corrections
for differences in loading and/or acid activity.

(8) At the low loadings used here it is assumed that the major

complex species contains three amine sulfates per uranium. Numbers
between two and three were reported in ref. 2, but these were based
largely on much higher equilibrium aqueous uranium levels.

Kenneth A. Allen and W. J. McDowell

Vol. 64

others. Thus, while the behavior is still by no
means ideal, the departures from ideality are
considerably smaller, and will therefore probably
lend themselves more readily to further investi-
gation.

The results with DDAS were even more striking.
Here, the vigorous agitation dependence was in
good agreement with the previously published
curve,s showing a slope of nearly unity at low con-
centration, and becoming fractional (V2 to */*)
at 0.02 to 0.05 M DDAS. Considerable effort
had been expended in attempts to fit this behavior
with stoichiometric models, without success. The
fact that the complex is a monomer, separate from
the large DDAS micelle, as shown by particle
size determinations,s» made the situation even more
difficult (see footnote 5). However, the limited in-
terface equilibrations have now provided con-
firmation of the behavior predicted from the particle
size determinations. The line shown in Fig. 2
is actually horizontal; in other runs slopes as high
as 0.1 to o.2 have been observed. Since the ideal
slope would be ca. s 4 or 0.075, the scatter around
this value is not considered unreasonable.

Since the initial experiments numerous confirma-
tory runs have been made over a period of more
than two years. In each case, using TOA and DDA
in the normal sulfate forms in benzene vs. an aque-
ous phase containing only sulfuric acid and uranyl
sulfate, the extractant concentration dependences
showed the differences seen in Figs. 1and 2. Other
parameters in the amine extraction systems (e.g.,
sulfate ion dependence, acid activity dependence,
etc.) have not shown such differences. In fact,
even the reagent concentration dependence dif-
ferences with TOA and DDA disappear under
certain conditions: with TOA in the bisulfate form,
for example, the two equilibrations both give the
same curve as the one already published,2 and in
this range of high sulfuric acid activity, therefore,
the TOA behavior still lacks satisfactory theoreti-
cal interpretation. Similarly, when the ionic
strength of the aqueous phase is increased markedly,
the DDA differences disappear also: with 1 M
Na2S04 + 0.005 M H2S04 (again keeping the DDA
in the normal sulfate form in benzene) the two
equilibrations agree with each other in giving a
straight line of slope between 0.1 and 0.2 (Fig. 3).
Thus, while fortunately this effect is apparently
not widespread, the fact that it has been observed
at all calls for some attempt at an interpretation.

The most reasonable explanation considered so
far involves interfacial adsorption. It is proposed
that sufficient interfacial area is generated during
the vigorous agitation so that most of the amine
sulfate is adsorbed at the liquid-liquid interface.
The uranyl sulfate adsorbs there too, forming an
interfacial complex with the amine salt which may
and probably does have, not only a different free
energy of formation, but also even a different com-
position from the one which finally appears in
stable solution in the benzene. On coalescence,
which occurs in a few minutes, these interfacial
complexes might do any of four things: (1) simply
remain at the new, much smaller interface, (2)
dissociate, (3) go into the aqueous phase, or (4)
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go into the organic phase. The first is ruled out
by the experimental procedure: since the same
liquids were used for the gentle equilibration as for
the initial vigorous equilibration, then at least some
of. the interfacial complexes must have been homo-
geneously dispersed in the organic phase; otherwise,
the slow equilibration would have resulted in the
same final aqueous uranium analysis as the vigor-
ous one. The second possibility indubitably
occurs to some extent; the third probably not at
all (even if each uranyl sulfate in an interfacial
complex is bonded to only one amine sulfate, it is
unlikely that the large alkyl chains are thereby
sufficiently solubilized to remain in stable aqueous
dispersion even temporarily). Therefore, during
the rapid coalescence most of the interfacial
complexes which remain undissociated would be
forced to dissolve in the organic phase because of
their predominantly organic nature. If indeed
they were of different composition (presumably,
they would involve fewer amines per uranium be-
cause of steric effects at the interface), they would
soon encounter additional amine sulfates for the
formation of the stable benzene-soluble species.

The clear phase analyses obtained immediately
after phase clarification would therefore reflect
an interfacial adsorption distribution, temporarily
frozen into place, as it were, by the extreme com-
parative slowness with which the true equilibrium
would become established in the unagitated bulk
phases. The apparent uranium extraction co-
efficients observed initially could be either higher
or lower than those characteristic of true equi-
librium, depending, of course, on the number of
uranyl sulfates which formed interfacial complexes
in the first place, and then, during coalescence,
on the relative importance of dissociation and solu-
tion in the organic phase.

An important question which has been raised
concerning these results is whether a very fine
suspension in one phase or the other might not lead
to apparent differences of the type observed. The
presence of such a suspension in the aqueous phase
can be ruled out at once: as is pointed out in the
Experimental section, enough coalescence time was
allowed for visible clarity, and then the aqueous
phases were filtered as an additional precaution.
The organic phases were visibly clear also: if
the data are the result of a sufficiently invisible
suspension in the organic phase, then it is not that
we are not still faced with anomalous behavior,
it is simply that an alternative explanation has
been proposed which depends on determining the
average molecular weight of the uranium-bearing
particles in the organic phase. This has been done,
both by light scattering and by isopiestic measure-
ments.s For the two extractant systems of
interest here, the amine sulfate-uranyl sulfate
complexes were monomeric with respect to uranium.
However, time is required for such measurements,
and even though the light scattering and isopiestic
solutions were indeed prepared by vigorous equi-
libration, it is possible that changes in the average
molecular weight could have occurred after the
equilibrations but before the molecular weight
measurements. This would be akin to what is put
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Fig. 3.—Uranium extraction coefficient dependence on
DDAS concentration under the same conditions as those for
Figs. 1and 2, except that 1 M Na2S04was added to the aque-
ous phases; O, vigorous agitation, A, slow equilibration.

forward in the foregoing, anyway, and at this point,
while it must be conceded that there may be still
other mechanisms which could account for the
data, it would seem that further experimental
evidence, of a type far different from that leading
to the present results, will be required before any
such alternative mechanism can be shown to be
more realistic than the one proposed.

As far as can be determined from a reasonably
thorough search of the literature, the results re-
ported in this paper represent the first observation
of anomalous equilibria in solvent extraction
systems due to violence of agitation during equi-
libration. A related effect has long been known in
the case of dilute solutions of indicator dyes, where
the critical component was soluble in only one
phase. Changes in the colors of indicators in
0.01% aqueous solutions on shaking with inert
liguids such as benzene, or even with air, were ob-
served by Deutsch over 30 years ago.s Various
explanations have appeared and some of the
experiments have been repeated..oc The proposed
mechanisms involve adsorption of the indicators
at the greatly increased liquid-liquid (or liquid-
gas) interface, with consequent changes in their
dissociations. However, in all these cases one
had the benefit of instantaneous reversibility;
on coalescence the true colors always reappeared
immediately. In the present systems the long
term persistence of the anomalous effects presents
an entirely different problem.

In conclusion, while it is worth re-emphasizing
that this effect apparently is restricted to only
certain conditions involving one parameter in the
amine sulfate extraction systems, it is also strongly
recommended, in any careful investigation of sol-
vent extraction equilibria involving ordinary con-
centrations (0.1 M or less), that at least a few slow
equilibrations through limited interfaces be per-
formed in order to make certain that such effects
are indeed absent. Such equilibrations have be-
come standard practice in this Laboratory. With
the improved equipment and techniques they are

(9) D. Deutsch, Ber., 60B,
353 (1928).
(10) 1.
J. Chem. Soc., 164 (1930);

(1940).

103G (1927); Z. physik. Chem., 136,

M. Kolthoff, Kolloid-z., 43, 51 (1927); H. Freundlich,
G. J. SZBSZ, J. Am. Chem. Soc., 62, 3520
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no more time consuming than the usual shakeouts
(e.g., the cells can be run overnight and sampled
in the morning), and in addition they even have
some positive advantages. For example, they have
never given phase disengagement difficulties, they

K. Higasi, K. Bergmann and C. P. Smyth
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seldom become cloudy, and entrainment troubles
are simply non-existent.
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The previously measured dielectric constants and losses of the n-alkyl bromides may be represented in terms of a distribu-
tion of relaxation times between two limiting values, which may be calculated from the relaxation time and the distribution
parameter A obtained previously from the Cole-Cole arc plot.  The lower limit is taken as the relaxation time of the rota-
tional orientation of the CHBr group about its bond to the rest of the molecule, while the upper limit is the relaxation time
of the largest orienting unit, usually the molecule as a whole. The numerical values obtained for the two limits, one small
and increasing slowly with molecular size, and the other large and increasing rapidly with molecular size, are consistent with

this physical picture of the relaxation process, indicating the approximate correctness of this distribution function.

Dielectric constant and loss measurements at
1.27, 3.22 and 10.0 cm. wave lengths carried out
in this Laboratoryz2-4 on eleven n-alkyl bromides
were examinedss on the basis of the arc plots of
Cole and Colez The present paper describes a
new analysis and interpretation of the same ex-
perimental data by the use of a function for the
distribution of relaxation times similar to that dis-
cussed by Frohlich.s

Because of the existence of internal rotation an
alkyl halide molecule should have more than one
relaxation time and the number of relaxation times
should increase with increase in chain length.
It is natural to assume that the relaxation times of
a straight-chain alkyl bromide are distributed
between two extreme values. The lower limit,
n, is the relaxation time for the rotation of the
smallest polar unit, the CH2r group, situated at
the end of the molecule. The upper limit, r2
which is the relaxation time of the largest unit,
corresponds roughly to the end-over-end rotation
of the whole molecule in the extended form. The
probabilities of occurrence of ri and r2 in the actual
relaxation mechanism are not equal since the former
should greatly exceed the latter. Increase in the
number of carbon atoms in the molecule increases

(1) This research was supported in part by the National Science
Foundation, in partby the Office of Ordnance Research and in part by
the United States Air Force through the Office of Scientific Research
of the Air Research and Development Command. Reproduction,
translation, publication, use or disposal in whole or in part by or for the
United States Government is permitted.

(2) W. M. Heston, Jr., E. J. Hennelly and C. P. Smyth, J. Am.
Chem. Soc., 70, 4093 (1948).

(3) H. L. Laquer and C. P. Smyth, ibid., 70, 4097 (1948).

(4) F. H. Branin, Jr.,, and C. P. Smyth, J. Chem. Phys., 20, 1121
(1952).

(5) E. J. Hennelly, W. M. Heston, Jr.,, and G. P. Smyth, J. Am.
Chem. Soc., 70, 4102 (1948).

(6) C. P. Smyth, “Dielectric Behavior and Structure,” McGraw-
Hill Book Co., New York, N. Y., 1955, pp. 114-127.

(7) K. S.Cole and R. H. Cole, J. Chem. Phys., 9, 341 (1941).

(8) H. Frohlich, “Theory of Dielectrics,” Oxford University Press,
London, 1949, pp. 93-95.

the length and variety of the molecular segments
which may rotate with the C-Br dipole, but the
probability of occurrence of such rotation decreases
with increase in the size of the rotating unit, hence
with increase in the magnitude of the corresponding
relaxation time itself. This picture is in qualitative
agreement with a distribution function y{r)
defineds by

y{r) =

ifT, < r < T2

1

y(l’)=Qift< nandr> r2 )
where A is a parameter which is associated with
the distribution of relaxation times.

Although the observed dielectric constants and
losses of the alkyl halides have been treated by the
Cole-Cole method with fair success, their exami-
nation in terms of y(r), which is based on an
entirely different mechanism, is revealing. As will
be seen, the two very different methods may be
equally effective in an empirical representation of
the same experimental results. In certain cases
we can transform with fair precision the two limit-
ing relaxation times, ti and €2 into the relaxation
time w and the distribution parameter a of the
Cole-Cole method and vice versa, to is the re-
ciprocal of the angular frequency at which the
observed dielectric loss has its maximum value
e'm.

When the values of e" at different frequencies
are plotted as ordinates against the corresponding
values of €' as abscissas, the arc of a circle is ob-
tained for a substance which obeys the Cole-Cole
relation. In contrast tc this, it has been shown by
Bergmannwo that, for a material obeying eq. 1,
when t" is plotted against e' the curve obtained is
very close to a half-ellipse with the axes b =
(e0—e»)/2 and a = «"m, if the parameter A is not

(9) Compare ref. 8.
(10) K. Bergmann, Thesis, Freiburg/Breisg., West Germany, 1957.
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very large, that is, if A<4. By comparing the
arc of the circle with the curve of the ellipse, one
is able to find relationships connecting the three
parameters A, n and r2 with the Cole parameters
«e.and rQ The simplest method of finding this
desired relationship is to set the e"m values equal
for the two curves, so that the ellipse is tangent to
the arc at its top. This approximation would
appear to be justified only when both curves are
close to a semicircle, or when the observed points
are only in the vicinity of t"'m. If the experimental
accuracy of the dielectric constant and loss values
were high, one should be able to determine which
of the two functions should be more nearly correct.
In the majority of cases, however, the precision
of the measurements is not great enough to dis-
tinguish between the two functions, and both the
Cole-Cole and the function of eq. 1 usually fit the
same experimental data within the limit of error.

For the sake of illustration, we shall assume an
extreme case, where all the experimental values fie
on an ellipse (Fig. 1) with A = 4.5, If the range
of experimental error is * 2% in the dielectric
constant and £5% in the loss values, it will be
seen from Fig. 1 that a Cole-Cole arc with a =
0.305 can also be drawn through the same points.
The smaller arc represented by the broken fine
is concentric with the Cole-Cole arc and passes
through the end points of the ellipse axis.

For the Cole-Cole arc there is a relationr

tano®” aV = e N « (%)
4 @—en O

For the ellipse there is a relations between the ratio
of the ellipse axes, a/b, and the parameter A

a/b = (2M)(tan- a2 —tan~'e-429 =
J tan“isinli 4 (3)

By substituting eq. 3 into eq. 2 one gets the desired
relation between A and a

a = 1—-tan-lfrtan-lsinh ;0<. <1 (4)
Equation 4 is plotted in Fig. 2, which shows the
dependence of A and eA/- upon a. By use of eq.
4 or Fig. 2, ti and r2 can be obtained from t0
and a, for n and rzares

There are other methods of obtaining r, and
n from w and a, but this method seems to be the
m'st practical, ti and r2 are very sensitive to the
selection of the value of A, which is most accurately
determined by the points close to e'm. The trans-
formation described above is permissible in the
first approximation only in the range of 1 > a/b >
0.6,i.e,, a < 0.30.

Table | shows the results of the application of
the method to the data for the n-alkyl bromides.s
The values of eAs2 are obtained from those of the
Cole-Cole distribution parameters a by means of
the curve in Fig. 2. The two relaxation times,
n and r2 then are obtained from ro and eA 2 by
means of eq. 5.

The experimental valuesz-4 of €' and e" for each
compound in Table I were plotted in the complex

Relaxation Times of wAlkyl Bromides
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Fig. 2— Correlation of distribution parameters A and €Al
with the Cole-Cole parameter d

and the best fitting ellipse was drawn
through these points. From the ratio of the ellipse
axes, a/b, A was found by means of eq. 3. The
left-hand intersection of the ellipse with the abscissa
axis gave the value of the optical dielectric constant
e«. Foreach angular frequency oc>used in measure-
ment, it was possible to calculate ro from the equa-
tion

plane,

sinh”~ + Asinh2» —tanZAZ’]-’\
tan A2 ()

Equation s follows from the equations

coro =

- id—in - iA\
(tan-1 €AW 0) - tan-1 (€A2001 (7)

The + sign of eq. s is to be taken for points lying
to the left of e"'m, the — sign for those lying to the
right of €'m. The mean of the values of ro thus ob-
tained for each substance at 25° is given in Table
Il, together with the resultant values of eA/2,
n and rz calculated as before.

The third decimal place in the values of a and
the second decimal place in those of r in Tables |
and Il are significant only in showing trends in
the series. The values for ro and r2 in Table 11
do not differ greatly from those in Table I. The
much smaller values for n show relatively greater
differences. It seems probable that only orders
of magnitude and major trends are of significance.

The excellent representation of the data for 71-
propyl bromide by the elliptical plot is shown in
Fig. 3, where the experimental points lie on the
solid fine of the ellipse rather than on the dashed
line of the arc. The difference between the two is,
however, within the probable experimental error,
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Fig. 3.—Plots of t" and e in a complex plane for n-propyl

bromide.
Tabte |
Values op Limiting Relaxation Times (10_u sec.) for
THE 7lmAtkyl Bboihdes, CNH2WIBr, Catcutated from
the Cole-C ole Parameters

n a eA2 1 T 7

1.0°
2 0.064 2.24 0.52 0.22 1.16
3 .087 2.64 0.82 31 2.16
4 119 3.21 1.12 .35 3.60
5 177 4.45 1.77 40 7.88
6 .189 4.75 2.31 49 11.0
7 .220 5.68 3.05 .54 17.3
8 .248 6.76 3.60 .53 24.3
9 .246 6.68 4.84 72 32.3
10 273 7.80 6.92 .89 54.0
12 .293 8.92 10.20 1.14 91.0
14 .299 9.20 12.40 1.35 114.1

25.0°
2 0.055 2.11 0.38 0.18 0.80
3 .087 2.63 .58 .22 1.52
4 .098 2.83 .87 31 2.46
5 .143 3.68 121 .33 4.45
6 172 4.32 1.57 .36 6.78
7 .204 5.20 1.92 .37 9.98
8 .226 5.88 2.18 .37 12.8
9 .243 6.57 2.85 43 18.7
10 251 6.85 3.37 49 23.1
12 .259 7.12 4.89 .69 34.8
14 .270 7.68 5.38 .70 41.3
16 .287 8.58 6.96 .81 59.7

55.0°
3 0.033 1.78 0.47 0.26 0.84
4 .078 2.48 .64 .26 1.59
5 .118 3.20 .87 .27 2.78
6 .148 3.79 1.06 .28 4.02
7 .180 451 1.25 .28 5.64
8 .220 5.69 1.37 .24 7.80
9 227 5.94 1.58 27 9.39
10 .229 6.00 191 .32 115
12 232 6.10 2.44 .40 14.9
14 .235 6.19 2.81 .45 17.4
16 .248 6.77 3.07 .45 20.8

and the data for the alkyl bromides, in general,
fail to distinguish directly between the two methods
of analysis.

Since ti is the relaxation time for the rotational
orientation of the CHZBr group around its C-C
bond, it should increase with molecular chain length

K. Higasi, K. Bergmann and C. P. Smyth
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Tabtre Il
R esults op the Elliptical Analysis op the «-Alkyl
Bromides at 25°

n Lo gk 7

2 251 0.36 0.14 0.90

3 2.51 .63 .25 1.58 =
4 2.51 .89 .35 2.23

5 3.97 1.28 .32 5.1

6 5.00 1.62 .32 8.1

7 5.75 2.09 .36 12.0

8 6.68 2.56 .38 17.2

9 7.38 3.17 43 235

10 8.75 3.71 A2 325
12 9.68 4.38 .45 43
14 9.68 4.59 A7 45
16 15.1 5.06 .34 76

only insofar as it is affected by increasing viscosity
of the liquid or by sterie hindrance within the mole-
cule. Since small, nearly spherical molecules
have been foundii-12 to show but slight increase in
relaxation time with increase in the viscosity of
the medium, the relatively small increase apparent
in ti with increasing molecular size is consistent
with the picture which has been proposed. The
great increase in t2 with increasing chain length,
much greater than that in rQ is consistent, at least
qualitatively, with its association with the orienta-
tion of the extended molecule as a whole.

In the first analysiss of the data, a hypothetical
volume Fd of the N molecules in a mole was cal-
culated from the equation

I d = TR/

The fact that the values of Fd rose to a maximum
for the six-carbon chain instead of increasing con-
tinuously with increasing chain length was regarded
as indicating that increasing possibility of internal
orientation caused the increase in relaxation time
to fall farther and farther behind the increase in
viscosity, T Use of the values of r2 from Table
Il leads to much larger values for Fd, reaching a
maximum at the ten-carbon chain, but still smaller
than the values of the molar volume, M/d.

It may be shown easily that the ratio of the molar
volume M/d to Fd is equal to the ratio of the
relaxation time calculated by the Debye theorys
to the observed value. The observed relaxation
time has, in general, been much smaller than the
calculated, particularly, for small molecules, that
is, the ratio of M/d to VD is generally much larger
than 1. It has recently been observedis that,
for solutions, the ratio of the calculated to the
observed relaxation times decreases from values
as high as 20 or more and approaches 1 as the size
of the solute molecule begins to exceed that of the
solvent. The ratio of M/d to Fd calculated from
t2 for these pure alkyl bromides decreases from
3.85 for ethyl bromide to 1.72 for nonyl and 1.76
for decyl and then increases to 3.26 for hexadecyl.
The ratios are much larger if 'FD is calculated from

(11) A. J. Curtis, P. L. McGeer, G. B. Rathmann and C. P. Smyth,
J. Am. Chem. Soc., 74, 645 (1952).

(12; C. P. Smyth, Proc. Natl.. Acad. Sci., 42, 234 (1956).

(13) (a) R. J. Meakins, Trane. Faraday Soc., 54, 1160 (1958); (b)
D. A. Pitt and C. P. Smyth, T his Journal, 63, 582 (1959).
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to. It is logical to conclude either that the prob-
ability of orientation of the longest molecular
segments is less than that assumed in eq. 1, or
that increased coiling with increased chain length
shortens the relaxation time, or both.

It’is evident that the arc plots and the elliptical
plots differ too little from one another to make

BLOCK-POLYMERS OF STYRENE AND

Block Polymers of Styrene and lsoprene

SS3

possible a direct distinction between them by means
of the data for the alkyl bromides. However, the
magnitudes of the relaxation times calculated from
the elliptical distribution favor the latter through
their consistency with the most reasonable pl~sical
picture of the relaxation process in the alkyl
bromides.

ISOPRENE WITH VARIABLE

DISTRIBUTION OF MONOMERS ALONG THE POLYMERIC CHAIN.
SYNTHESIS AND PROPERTIES1

By S. Schlick and M. Levy

Chemistry Department, Israel Institute of Technology, Haifa, Israel
Received January 14, 1960

A number of block-polymers of styrene and isoprene were prepared by applying the technique of “living” polymers:
13100S0001M] 1 34000.890000.134G@D ;- 1Moo 45001 ACOSBCADIADY - 117000-54500G-134000.545GO0 7,00, 11700.52250.11700.5450C. 11700-52250-11700, | 17000522500~
1 17000$46000.11700022500.117000  11130-52250-1n30.52250.12260-52250 . 11130.52250.1u3Q’ and  111300.522500.11300.522500.122600.522500.11300-S22500.111300 | and S

denoting the blocks of isoprene and styrene and the subscripts their respective molecular weights.
have the same composition and form two series of total mol. wt. 15,800 and 158,000, respectively.

All these polymers
In addition random

copolymers of the same composition and the same molecular weights were prepared. These polymers were characterized

and their properties were investigated.
pendence of these properties on the block’s size is discussed.

Many methods for preparing block-polymers
have been described in the literature, and a com-
prehensive review of this subject was published in
1956 by Immergut and Mark.2 Most of the
known techniques yield a mixture of block-polymers
and homo-polymers, and the two components have
to be separated before a sample of pure block-
polymer is obtained. Furthermore, even a puri-
fied product is very heterogeneous, being composed
of molecules of variable composition and variable
molecular weight.

A new method of preparation of block-polymers
has been described recently by Szwarc, Levy and
Milkovich.s It was demonstrated that this method
yields a pure block-polymer, not contaminated by
homo-polymer,s and, moreover, it permits the
experimenter to vary at will the distribution of the
monomers along the chain of the polymer.: A
further advantage of the method arises from the
fact that under proper experimental conditions a
narrow molecular weight distribution product is
formed,ss hence block-polymers of uniform archi-
tecture can be synthesized.

By applying this technique we succeeded in
preparing samples of block-polymers of styrene
and isoprene which have the same composition
and molecular weight and differ only in the distri-
bution of the two monomers along the chain of the

(1) Taken from a thesis .submitted by S. Schlick in partial fulfillment
of the requirements for the M.S. degree at the Israel Institute of
Technology.

(2) E. H. Immergut and H. Mark, Makromolckular Chew., 18/19,
322 (1956).

(3) M. Szwarc, M. Levy and R. Milkovich, 3. Am. Chem. Soc., 78,
2656 (1956).

(4) (a) M. Szwarc, Nature, 178, 1168 (1956); (b) Advances in Chem.
Physics, 2, 147 (1959); Makromolekular Chem., in press (1959).

(5) R. Waack, A. Rembaum, J. D. Coombes and M. Szwarc,
J. Am. Chem. Soc., 79, 2026 (1957).

(C) H. W. McCormick, J. Polymer Sci., 36, 341 (1959).

The latter show systematic changes with changes in the block’s size.

The de-

polymer. This is, to the best of our knowledge,
the first time when such material became avail-
able and its study permits us to investigate the
effect of distribution upon properties of the re-
spective block-polymers. In this publication we
report the details of preparation of such samples,
their characterization and [some of their properties
which vary with the degree of distribution of the
monomers along the chain.

Preparation of Block-polymers.—Anionic poly-
merization carried out in non-protonating solvents
and in absence of impurities acting as “Killing”
agent yields “living” polymers,s i.e., polymeric
molecules possessing active ends capable of further
growth. If the active end of a monomer A initiates
polymerization of a monomer B, and vice versa,
if the active end of B initiates polymerization of A,
then block-polymers of the type

A...AB...B.A....AB....B....

can be prepared readily. The procedure is simpli-
fied further if both ends of the polymeric molecule
are active, and it was shown that this is the case if
the polymerization is initiated by electron-transfer
mechanism, e.g., when sodium naphthalene is used
as ah initiator.

Polv-styryl anion initiates polymerization of
isoprene and polyisoprene anion initiates polymeri-
zation of styrene, hence this pair of monomers suits
our purpose. Polymerization was initiated by
sodium naphthalene, and the reaction was carried
out in a stirred reactor in vacuo at o ° by adding
successively the required amounts of monomers
to the initiator. The molecular weight of the ob-
tained polymer is given by 2m /1, where Mt
denotes the total number of moles of added mono-
mers and / the amount of initiator in moles. The
molecular weight of each block is given by ../m 7.M-
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1ig. 2.

denoting the number of moles of the monomer
added in the j-th portion, the middle block being
an exception since its weight is doubled. The
samples prepared were

1B3 - 134@6 IWH3IM

IBs = 1770 S4500. 1 #C0S8C0iI T

IB7 = 11700.55250.11700.54500.11700.52260.11700

IB9 = IH30.52260.11i30.52260-1jM0.52260.111J0.52260.11UO

2Bj — 134000-S90U00.134000

2B5 = 117000.546000.134000.546000.117000

2B, = 117000.522600.117000.546000-117CO0-522600.117000

11J00 S22600.11HOO mS22600.122600.522600. 11100.522600.111300

I and S denote the blocks of isoprene and styrene,
respectively, the subscripts being the molecular
weights of the respective blocks. One notices that
the compositions of all these polymers are identical,

2Bo =

S. Schlick and M. Levy
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the molar ratio of S/1 being 0.865, but the molecu-
lar weight of the 2B series is ten times greater than

that of IB series (molecular weights of IB =
15,800 and of 2B = 158,000). In addition two
samples of “copolymers” were prepared. These

samples result from a very slow addition of a. mix-
ture of styrene and isoprene (S/I = 0.865) to the
initiator, the rate of addition being such that each
drop of mixture essentially polymerizes completely
before the next is added. The “copolymer”
is therefore a material composed of very small and
irregular blocks of styrene and isoprene. These
samples are denoted by 1C and 2C, the former
having molecular weight of the IB series, the latter
that of the 2B series.

Each polymerization was terminated by addi-
tion of a drop of water to the solution, then the
polymer was precipitated in methanol and dried
in vacuo at 60°. Polymers 2Bs and 1C were pre-
pared in duplicate. The reproducibility of those
samples was satisfactory.

Each experiment involved 114 cc. of tetrahydro-
furan, and 5 cc. each of styrene and isoprene.
The monomers were carefully purified, dried with
CaH: and distilled in high vacuum. The yield
was quantitative.

Characterization of the Block-polymers.—The
mol. wt. distribution and homogeneity of each
sample was checked by the turbidimetric technique
described by Melville, et al.1 The reliability of
the turbidimetric method was checked by precipi-
tating a mixture of polystyrene and polyisoprene
(Fig. 1) and by precipitating polystyrene prepared
by benzoyl peroxide as initiator (Fig. 2). Tur-
bidimetric titrations were carried out at 30°.
The initial concentration of polymer was 5 mg. in
100 cc. toluene. Toluene was used as solvent and
methanol as precipitant. The turbidimetric curves
are shown in Figs. 3 and 4 for the low and high
mol. wts., respectively. The curves demonstrate
clearly the homogeneity and sharp mol. wt. distri-
bution of samples obtained by this method. It
is interesting to note the sharp rise in turbidity
in the higher mol. wt. samples up to approximately
90% precipitation and then the gradual bending
of the curve. This corresponds to the shape of
distribution predicted by Szwarc and Litts from
theoretical considerations.

Attention is drawn to the fact that curves 2B,
and 2B7 are steeper than curves 2Bs and 2B9
The former samples were initiated by styrene
and the latter by isoprene. Apparently the
initiation of isoprene is slower than that of styrene
and therefore a wider distribution is obtained.
This difference in behavior of styrene and isoprene
was confirmed by independent observations,
using a method described previously.s

Viscosity measurements were carried out in a
modified Ubbelohde viscometer at 30 + 0.03°
using toluene, toluene-methanol, and toluene-
isooctane mixtures as solvents. The solvent flow
time was always over 100 sec.

(7) A. S. Dunn, B. P. Stead and H. W. Melville, Trans. Faraday
Soc.. B0 279 (1954).

(8) M. Szwarc and M. Litt, ThisJourmal, 62,568 (1958).

(9) M. Levy and M. Szwarc, J. Am. Chem. Soc., &,521 (1960).
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Properties of Block-polymers.—Two properties
of the block-polymers were studied in the course of
this investigation: their precipitation by addition
of non-solvents and their viscosities in toluene,
toluene-methanol and toluene-isooctane mixtures.
It was shown previouslys that a block-polymer of
styrene and isoprene is not precipitated from
toluene solution by addition of isooctane. This
phenomenon now was studied quantitatively using
a turbidimetric titration.

When methanol is used as a precipitant and
toluene as a solvent the onset of precipitation seems
to be independent of the block’s size. The critical
concentration of methanol was found to be 35%
+ 2 for the IB series and 1C (mol. wt. 15,800) and
28% =+ 0.5 for the 2B series and 2C (mol. wt.
158,000). On the other hand, the size of the blocks
affected markedly the critical concentration of
isooctane when this hydrocarbon was used as non-
solvent in the turbidimetric titration. The results
are given in Table I. As the size of the blocks
decreased, their solubility increased so much that it
was necessary to work with more and more con-
centrated solutions since no precipitation did take
place in the dilute solutions. The effect of the
block’s size on the solubility of the respective
polymer casts doubts on Kilb and Buechew cal-
culations of the free energy of mixing of block-
polymers.

The viscosity measurements in toluene solution
are summarized in Table Il. The results show
clearly that the intrinsic viscosity increases with
decreasing block’s size. This behavior might be
accounted for by the incompatibility of polystyrene
and polyisoprene—the respective blocks avoid
each other and as a result the polymer molecule
expands as the number of blocks increases and their
size decreases. The same trend is seen in mixed
solvents: toluene and methanol and toluene and
isooctane (see Tables Il and I11).

Tabre |
Concn. of
Type of blocks % isodctane polymer, mg./100 cc.
2B3 55 2.5
2Ba 57 10
2B, 62 15
2B, 68 25
2C No pptn. even at the highest concn. <
isooctane
Table Il

Intrinsic Viscosities in G./100 cc. of Block-polymers in

Toluene-M ethanol Mixtures

blozg—z?)l;frner 0 methanet Z) 24
1B, 0.220 0.210 0 195
1B6 .232 212 180
1B, .250 220 200
1B, .255 .224 190
1c .190 .185 155 0.148
2Bj .810 .695 530
2BS .878 .735 545
2B7 .890 .780 545
2B, .980 .864 550
2C 1.075 .970 680 0.550

(10) R. W. Kilb and A. M. Bueche, J Folyn@r Si., 28, 285 (1958).

Block Polymers of Styrene and lsoprene

885

Table Il

Intrinsic Viscosities in g./I0O0 cc. of Block-polymers in

Toluene-lsod6ctane Mixtures

Type of block- -% of laooctane—
polymer 0 20 40 50 60 70
1B, 0.220 0.200 0.185
1B5 .232 .215 194 0.188 0.170
1B, .250 .233 220 210 .190
1B, .255 .233 220 .200
1C .190 .185 .165 0.150
2B3 .810 .690 515
2B5 .878 .810 .670 .520
2B, .890 .840 .710 .580
2B, .980 .908 .805 .580
2C 1.075 .980 .725 0.530

Rossi, et al.,11described a method of determining
[4]b at constant temperature by varying the com-
position of the solvent. Plotting log 7] versas
log (M) at each composition one determines the
exponent a of the [7] = KM arelation as a function
of the solvent composition, and by extrapolation
(or interpolation) the composition for which a =
0.5 could be found. Solvent of this particular
composition is assumed to be the 6 solvent.

It remains to be shown that for a series of block-
polymers characterized by the same distribution
of monomers along the chain but of varying
molecular weights, the log of intrinsic viscosity is
linear with log of mol. wt. However, if such a re-
lation is assumed then our data permit to find a
for each type of block-polvmers and for each com-
position of the mixed solvent. Figure 5 illustrates
this method. Here a plot of a as a function of %
of methanol in the solvent is given for the copoly-
mer, and determination of the composition of the
d solvent from this graph is self-evident. In this
way the data listed in Table 1V have been obtained.
These data show a definite trend in the composition
of the “6 solvent” with the decreasing block’s
size, and they are therefore interesting whatever is
their meaning. Since the polymer seems to expand
as the block’s size decreases it is natural to expect
that the proportion of the precipitant in the “d
solvent” should increase accordingly.

Table 1V lists also the intrinsic viscosities of the
respective polymers in their “6 solvents.” Al-
though considerable experimental uncertainties
are involved in the interpolation (or extrapolation)

(11) C. Rossi, U. Bianchi and "V. Magnasco, i0id, 30, 175 (1958).
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method applied in their derivation, it is interesting
to notice that the corresponding [?/« obtained in
the toluene-methanol and toluene-isodctane mix-
tures are similar in spite of the great difference in
the composition of these solvents. This is surpris-
ing since different configurations of the polymer
coil are expected in each case. While methanol
causes a contraction of both polystyrene and poly-
isoprene chains, isooctane contracts the former
but expands the latter. However, the contracted
polystyrene blocks would act as pseudo cross-
links for polyisoprene blocks, and therefore a simi-
lar 719 might be expected after all. In any

Jeff C. Davis, Jr., and Kenneth S. Pitzer
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case, although the similarities of the respective
[/ add weight to the assumption that one deals
here indeed with 6 solvents, the difficulties of appli-
cation of a 8 solvent concept to solutions of block-
polymers should be clearly recognized.

Tabie IV
% % - h lo-
type of Methanol - Me---——-- m Isoootane Mol.
block- in "e Mol. wt. Mol. wt. in”0 Mol. wt. wt.
>olymer solvent” 158,000 15,800 solvent” 158,000 15,800
b3 12.5. 0.05 0.205 31.0 0.61 0.190
b5 17.0 .60 .190 47.0 .59 .185
b7 17.0 .63 .205 42.0 .69 .220
b9 24.0 .55 170 56.0 .64 .205
0 27.0 .45 .135 73.0 44 .145

in conclusion it is desirable to emphasize that
this work demonstrates the practicality of the
synthesis of block-polymers with desirable and
predetermined patterns. It shows that there are
polymer properties which vary systematically with
the distribution of monomers along the polymer
chain and it demonstrates, therefore, that one deals
here with a new problem in polymer chemistry
which calls for further experimental and theo-
retical studies.
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The proton magnetic resonance spectra of solutions of formic, acetic and benzoic acids in benzene have been studied

in the temperature range 20-100°.

Previously reported equilibrium constants and heats of dimerization are employed to
calculate the chemical shifts of the monomer and dimer species of the acids.
monomers at room temperature which shift to lower applied fields at higher temperatures.

Exceptionally high shieldings are found for the
Association of the acid mono-

mers with the aromatic solvent is a possible explanation of these results. The nature of the higher acid polymers is also dis-

cussed.

The association of carboxylic acids has been the
subject of extensive investigation by a variety of
methods.2 In the vapor phase, equilibrium con-
stants and enthalpies of dimerization have been
determined for a number of the lower acids.s
Electron diffraction studies have shown these
dimers to be cyclic in the gas phase with each of the
carboxyl protons hydrogen bonded.4 X-Ray stud-
ies of crystalline acids have shown structures vary-
ing from a symmetric array of cyclic dimers, as in

(1) Based in parton a thesis by JGD in partial fulfillment of the re-
quirements for the Ph.D. degree, University of California, 1959.

(2) G. Allen and M. A. Caldin, Quart. Revs., 7, 255 (1953).

(3) A. S. Coolidge, J. Am. Chem. Soc., 50, 2166 (1928);
Ritter and J. H. Simons, ibid., 67, 757 (1945);
315 (1951);
and others.

(4) J. Karle and L. O. Brockway, ibid., 66, 574 (1944).

H. L.
M. D. Taylor, ibid., 73,
E. W. Johnson and L. K. Nash, ibid., 72, 547 (1950);

solid benzoic acid,es to long chain polymers, as in
formic and acetic acids.z Evidence has been given
that long polymers are also present in pure liquid
formic acid.s Although carboxylic acids in non-
hydrogen bonding solvents have been studied by
several techniques, there has been little agreement
in those cases in which the same system has been
studied by two methods.2

Nuclear magnetic resonance (n.m.r.) techniques
have been applied successfully in the investigation

(5) A. Ahmed and M. Cruickshank, Acta Cryst., 6, 385 (1955).

(6) R. W. G. Wyckoff, “Crystal Structures,” Interscience Pub-
lishers, New York, N. Y., 1948, Chap. 14, p. 58b.

(7) F. Holtzberg, B. Post and I. Fankuchen, Acta Cryst, 6, 127
(1953); R. E. Jones and D. H. Templeton, ibid., 11, 484 (1958).

(8) D. Chapman, J. Chem. Soc., 225 (1956); J. F. Johnson and R. H.
Cole, J. Am. Chem Soc., 73, 4536 (1951).
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of hydrogen bonding systems in solutions In
general it has been observed that upon formation of
a hydrogen bond, the proton resonance is shifted
to a lower applied magnetic field. In such systems
a single “average” resonance is observed, the posi-
tion of this resonance depending on the relative
amounts of the various species in equilibrium.

In the present investigation, the proton magnetic
resonance spectra of solutions of formic, acetic
and benzoic acid in benzene have been studied in
an attempt to obtain more specific information
about the equilibria involved and the nature of
the monomer and polymer species. These spectra
were observed over a temperature range of 2o0-
100° with the aid of specially constructed tempera-
ture control equipment.

Experimental

Chemicals—The removal of traces of water from the
reagents was of primary interest in this investigation.
The materials were purified in the following manner.

Benzene.—M atheson C.p. benzene was twice distilled
from anhydrous calcium sulfate; b .p.80.0-80.l°.

CCfi—Bakers C.p. CCfi was twice distilled from anhy-
drous calcium sulfate and stored in a desiccator with PD5;
b.p. 76.7-76.8°.

Benzoic Acid.—Fisher C.p. benzoic acid was recrystal-
lized from benzene and dried ten hours a" 80° in a vacuum
oven; m.p. 122.3°.

Formic Acid.—Baker and Adamson 98-100% formic acid
was distilled from anhydrous calcium sulfate and then twice
vacuum distilled from anhydrous sodium sulfate. The
dried product was stored as a solid at 0° to avoid decom-
position.

Acetic Acid—J. T. Baker C.p. glacial acetic acid was dis-
tilled from anhydrous calcium sulfate and vacuum distilled
from anhydrous sodium sulfate.

All materials were stored in a water-free atmosphere and
samples were prepared in a dry box. The solutions were
all made up by weight. The concentrations of the solutions
are given in mole fraction units which avoids temperature
dependence.

Measurement of Chemical Shifts.—a of the spectra
were obtained on a Varian Associates Model V-4300B
High Resolution NMR Spectrometer operating at 60 Mcps.
and equipped with a Model V-K3506 Super Stabilizer.
A number of solutions also ware observed at 40 Mcps.,
the measured shifts agreeing within experimental error
with those obtained at 60 Mcps.

Chemical shifts were measured by the side-band tech-
niqueD using a Hewlitt-Packard Model 200J Audio Oscil-
lator which was calibrated with a Hewlitt-Packard Model
524B Electronic Counter. All shifts are reported in
03'cles per second, measured at 60 Mcps.

In the more concentrated solutions the shifts were meas-
ured directly on the oscilloscope by superimposing the
audio sidebands of the reference peak directly on the peaks
of interest. In the very dilute solutions the peaks were
recorded with the sidebands o: the reference peak placed
on either side of the measured peak during recording, the
actual position of the peak then being obtained by graphical
interpolation between the sidebands. Shifts were meas-
ured to an accuracy of £0.5 c.p.s., and each reported shift
is the result of at least six separate measurements.

Variable Temperature Apparatus—For the purpose
of maintaining the spinning samples at the desired tempera-
tures, a special receiving coil insert for use in the Varian
V-4331A probe was constructed. This insert and as-
sociated apparatus is shown in Fig. 1. Teflon plugs in the
bottom of the insert provided a convenient arrangement
for changing and adjusting the receiver coil in the apparatus,
gave mechanical strength to the insert, and were an ef-
fective insulating barrier to heat flow to the rest of the probe.

(9) J. A. Pople, W. G. Schneider and H. J. Bernstein, “High Resolu-
tion Nuclear Magnetic Resonance,”” McGraw-Hill Book Co., Inc.,
New York, N. Y., 1959, pp. 400-421.

(10) J. T. Arnold and M. E. Packard, J. Chem. Phys.,
(1951).
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Fig. 1—Variable temperature apparatus for high resolution
n.m.r. studies.

The temperature of the nitrogen stream was monitored
continuously to within +0.05°, and it was determined that
the sample temperature could be determined to within
+1.0°. The signal to noise ratio of the variable tempera-
ture insert was slightly less than that of the standard
Varian insert. However, the resolution obtainable was
comparable to normal operation.

Experimental Results

The shifts observed for the carboxyl protons of
formic, acetic and benzoic acids in benzene solu-
tions at several temperatures are listed in Tables
I—11.  The symbol x designates the total apparent
mole fraction of acid in the solution assuming no
association. The shifts are given in cycles per
second measured at 60 Mcps., a negative shift
indicating that the measured peak lies at a lower
applied magnetic field than the reference peak from
which the shift is measured.

The peak of the benzene solvent was used as a
reference because of its convenient position and to
avoid bulk susceptibility corrections. It was as-
sumed that any changes in the bulk susceptibility
of the solution would be experienced equally by the
solvent and acid molecules. This was verified
in two cases. Solutions of acetic acid in benzene
showed no shift of the acid CHs protons more than
2 c.p.s. relative to the benzene. In addition, solu-
tions of cyclohexane in benzene showed a similar
constancy in the relative shifts. The use of an
external standard would have required bulk
susceptibility corrections which would very likely
be in error due to the unknown effect of association
on the susceptibility of the acid and the anomalous
effects observed in aromatic solvents.i1  Also,
accurate susceptibility data are lacking at the higher
temperatures of this investigation.

The effect of temperature on the carboxyl protons
of the benzoic acid solutions is illustrated in Fig. 2.
The behavior of formic acid and acetic acid solu-
tions was similar.

Several solutions of benzoic acid in CCh were also
studied at 25°. The carboxyl proton shifts meas-
ured relative to the largest peak displayed by the
benzoic acid ring protons are given in Table IV.

(11) A. A, Bothner-By and R, E. Glick, ibid., 26, 1651 (1957).
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Fig. 2—Effect of temperature on the carboxyl proton
resonance of benzoic acid in benzene solutions of different
concentrations.

Tabte |

Chemical Shifts of Formic Acid in Benzene Solutions

e 5 (c.p.s. from benzene) a--------------meeeemev s
Z*cid 23° 40° 53° 71° 110°
0.0088 -120 - 873 - 66.0 - 37.5 Obscured by ben-
.0115 -147.3 -117.0 - 75.0 - 450 zene peak
.0136 -163.8 -134.1 -112.5 - 75.0 Obscured by ben-
.0159 -173.1 -142.8 -116.7 - 75.0 zene peak
.0171 -177.3 -147.6 -117.0 - 825 - 225
.0227 -209.1 -177.3 -150.3 -112.5 - 55.8
.0268 -215.7 -187.5 -157.8 -123.0 - 61.2
.0304 -219.0 -190.0 -165.3 -129.6 - 64.8
.0354 -229.8 -200.7 -172.5 -130.5 - 68.7
.0395 -235.2 -208.5 -183.6 -146.7 - 855
.0464 -236.7 -211.2 -184.5 -153.0 - 903
.0555 -241.5 -216.6 -192.0 -157.2 - 97.8
.0660 -249.6 -225.3 -201.8 -157.8 -112.5
.0752 -250.5 -229.8 -210.3 -181.5 -127.8
.0854 -250.5 -226.8 -211.5 -183.5 -131.7
.0977 -250.8 -232.5 -213.9 -184.8 -130.8
1225 -247.5 -231.3 -217.8 -198.0 -151.0
1416 -242.4 -223.5 -209.4 -190.8 -140.7
.1587 -238.5 -225.0 -208.5 -190.5 -129.3

“ The shifts were measured at 60 Me.; a negative value
corresponds to a downfield shift from the internal reference,
benzene.

Discussion

The Monomer-Dimer Equilibrium,—The car-
boxylic acids presumably associate to form a cyclic
dimer in solution similar to that observed in the
vapor phase.2 It is not definitely known what form
the higher polymers assume although infrared
and dielectric measurementss indicate that they
are similar to those found in the crystalline acids
in which each acid molecule is hydrogen bonded to
two different acid molecules to form infinitely long

Vol. 64

Tabte Il

Chemical Shifts of Ac£e¥ic Acid in, Benzine Solutions
r .

Zaid 23 49° 53 77°
0.0100 -196.0 -152.0 - 88.0
0144 -197.0 -155.0 - 92i2
.0131 -204.1 -163.1 —10i.5
.0151 -232.3 -194.3 -135.1
.0223 -246.0 -209.1 -156.3
.0271 -262.1 -231.0 -187.1
.0360 -272.8 -242.8 -200.2
.0429 -278.0 -250.0 244.0 -208.0
.0580 -284.1 -256.0 - 2522 -217.8
.0705 -291.2 -267.1 260.9 -229.1
.0870 -298.0 -272.5 267.1 -236.0

“ The shifts were measured at 60 Me.; a negative value
corresponds to a downfield shift from the internal reference,
benzene.

Table Il
Chemical Shifts of Ben/zoic A{Cid iln Ben<ene Solutions

aid 22° 37.5° 52° T 98°
0.0074 -287.0 -262.3 -235.0 -168.2 - 88.1
.0087 -298.9 -275.0 -250.0 -192.2 -127.5
.0103 -310.2 -288.7 -266.0 -212.5 -154.8
.0107 -310.2 -288.7 -266.0 -212.5 -154.8
.0132 -323.0 -317.2 -284.1 -232.2 -180.9
.0147 -338.0 -319.1 -298.4 -252.0 -202.5
.0183 -339.0 -320.1 -301.0 -255.4 -208.1
.0222 -343.4 -323.7 -306.1 -261.5 -218.0
.0289 -355.1 -339.3 -323.0 -282.1 -245.9
.0369 -366.0 -354.0 -334.1 -296.0 -263.4
.0594 -371.0 -357.2 -340.9 -304.0 -271.1

“ The shifts were measured at 60 Me.; a negative value
corresponds to a downfield shift from the internal reference,
benzene.

Table IV
Chemical Shifts of Benzoic Acid in CCl4 Solutions at
25°
#aad S(c.p.s. from ring protons)0
0.0067 -274.0
.0074 -284.0
.0122 -305.1
.0154 -312.0
.0192 -318.0

aThe shifts were measured at 60 Me.; a negative value
corresponds to a downfield shift.

chains.z Matrix isolation studies of solid formic
acid have elucidated the variety of polymers that
are formed as the concentration of acid in the inert
matrix isvaried. 12

In dilute solution the monomer-cyclic dimer
equilibrium is the most important. Huggins,
Pimentel and Shooleryis have shown that such a
system can be studied advantageously by n.m.r.
techniques. In the case where monomer and dimer
species are in equilibrium, the observed shift S of
the carboxyl protons is given by the expression

where 5m and 5d are the characteristic monomer and

(12) R. Millikan and K. S. Pitzer, J. Am. Chem. Soc., 80, 3515
(1958); T. Miyazawa and K. S. Pitzer, J. Chem. Phys., 30, 1076
(1959)

(13) C. M. Huggins, G. C. Pimentel and J. N. Shoolery, This
Journal, 60, 1311 (1956).
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dimer shifts, m the moles of acid in the monomer
form at equilibrium, and a the total moles of acid
used to make up the solution. Letting s designate
the total moles of solvent and xm and xd the mole
fractions of monomer and dimer in solution, the
equilibrium constant for the dimerization is

xD  (@- myes+ a+ m)
Kl= = 4ro* @

Huggins, et ah, have shown that at infinite dilu-
tion the slope of the 5vs. x curve is given by the
expression

(1),., - 2&< - fa> <3>

It is thus possible to evaluate the equilibrium con-
stant if 5m, 5d and the slope at infinite dilution
are known. The former is the limiting value of 5
at infinite dilution and 5d may be evaluated, in the
absence of higher polymers, from the extrapolation
to a solution containing all dimer species.

The behavior of 5as a function of the mole frac-
tion of benzoic acid in benzene at 30° is shown in
Fig. 3a. The lower concentration region at the
highest measured temperature where the most
monomer is present is shown in Fig. 3b. It can
be seen that for this system do/dx is still changing
rapidly, even at conditions most suitable to mono-
mer, and it is not possible to extrapolate to a limit- . T
ing value for infinite dilution. This indicates that CaFl;g;(y?'_pr(gt)oEf';ee‘;gnognggngfengr;tz'gﬂ 'gcigenazfngog;n EE‘)E
substantial association remains at x = 0.01. The effect of concentration at 98°.
association constant for benzoic acid is, in fact,
of the order of 10350 that at x = o.01 the degree of
association is still rather large.

Although it is not possible to determine K2 in
such strongly associating systems by this method,
it is still possible to obtain information about the
monomer and dimer shifts 5m and 5d- A rearrange-
ment of equation 2 leads to an expression for m/a

m —-S+ [+ + I(a + X)]i
a ~ a(4Kk2+ 1) W

Mole fraction acid.

and that for (a — m)/a follows directly. If then
Ki is known from some other source it is possible
to determine m/a and (a — m)/a for any solution
prepared with s moles of solvent and a moles of
acid. For agiven solution, these calculated values
can be substituted in equation 1 along with the
measured 5 for that solution. The unknown quan-
tities 5m and 5d may then be obtained by solving
any two such equations for two different acid solu-
tions simultaneously

Benzoic Acid.—The equilibrium constant for
dimer formation in the benzoic acid-benzene sys-
tem has been determined at several temperatures
by a number of investigators.i« All of the results
except the dielectric constant measurements are
in excellent agreement with a AH of —8.4 + 0.5
kcal. mole-1. This value of AH, the value of K2
at 30° of 5.25 X 103 and equation 4 have been

used to calculate m/a and (a — m)/a for each
solution at ten degree intervals to 100°. The mono-  Fig. 4—cCalculated monomer and dimer shifts for benzoic
mer and dimer shifts then have been calculated acid in benzene at several temperatures.

(14) H. A. Pohl, M. E. Hobbs and P. M. Gross, J. Chem. Phys., H H H H H
9, 408 (1941); B. C. Barton and C. A. Krauss, J. Am. Chem. Soc., 73, with equatlon ! by SOIVIng for every paerf benzoic

4561 (1951); G. Allen and E. F. Caldin, Trans. Faraday soc., 49, 895  acid solutions except those of nearly equal concen-
(1953); F.T.Walland F. W. Banes, 3. Am. Chem. Soc., 67, 848 (1945).  tration. This was done independently at each
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ten degree interval using the same pairs of solutions
at each temperature.

The average values of 5m and 5d calculated at
each temperature are in Table V. The errors
given for each are average deviations of the cal-
culated values from the means. These averages
and their deviations are also illustrated in Fig. 4.
It is seen that the calculated 5n lies in the region
usually measured for pure carboxylic acid shifts,
and there is a slight shift to higher field with temper-
ature which might be expected if the hydrogen bond
were being weakened. The values for 5m, however,
are quite high. At 30° 5m is at. a higher field than
has ever been reported previously for protons.
The calculated 5m drops rapidly with increasing
temperature and approaches the region in which
alcohol monomers also are found.

This behavior of the monomer shifts is strongly
suggestive of an interaction of the monomer with
the benzene solvent. It is recognized that mole-
cules with acidic protons associate with benzene,
and n.m.r. studies indicate in such an association
the proton is drawn into the face of the benzene
molecule rather than around the edge.s It has
been shown that the benzene molecule exhibits an
anisotropic diamagnetic susceptibility which can
be viewed as arising from a circulation of the mobile
7 electrons around the ring induced by the external
magnetic field..s These circulating electrons give
rise to a secondary magnetic field around the ben-
zene molecule. The magnitude of this field aver-
aged over all orientations of the benzene molecule
with time has been calculated by various means. 1

Table v

Calculated Mcxomer and Dimer Shifts for Benzoic

Acid in Benzene

(AH = —8.4 kcal. mole .y

5m (c.p.s. from ¢D (c.p.s. from

T. °C. K2 benzene) benzene)
30 5250 915 + 90 -423 = 7
40 3390 740 = 70 -416 + 7
50 2290 655 + 70 -413 + 9
60 1510 556 + 70 -407 £+ 11
70 1050 498 + 60 402 £+ 11
80 676 448 + 60 -400 + 14
90 525 460 = 60 -398 = 15
100 380 442 + 60 -400 + 18

If the carboxyl proton of an acid molecule is
drawn into the face of the benzene ring near the
symmetry axis, then it will experience a secondary
field from the benzene molecule which opposes the
external magnetic field, and a larger external field
will be required for resonance. If the association
is weakened at higher temperatures and the proton
withdraws from the benzene ring, then the second-
ary field in the vicinity of the proton will be less
and 5m correspondingly will shift to lower field.
This is the behavior observed for 5m in Fig. 4.

(15) L. W. Reeves and W. G. Schneider, Can. J. Chem., 35, 251
(1957); D. Cook, Y. Lupien and W. G. Schneider, ibid., 34, 957, 964
(1956); C. M. Huggins, G. C. Pimentel and J. N. Shoolery, J. Chem.
Phys., 23, 896 (1955).

(16) L. Pauling, ibid., 4, 673 (1936);
(1956) .

(17) J. S. Waugh and R. W. Fessenden, J. Am. Chem. Soc., 79, 846
(1957) ; C. E. Johnson, Jr., and F. A. Bovey, J. Chem. Phys., 29, 1012
(1958) .

J. A. Pople, ibid., 24, 1111

Jeff C. Davis, Jr., and Kenneth S. Pitzer

Vol. 64

When one attempts to make a quantitative treat-
ment of the monomer-benzene interaction, serious
difficulties arise. The benzoic acid dimerization
enthalpyu in the vapor exceeds that in benzene by
approximately 3 kcal. per mole of monomer. This
difference, which may be taken as a rough estimate
of the energy of monomer-benzene association,
will shift the logarithm of the ratio of associated
to non-associated molecules by only 0.4 over the
range 30 to 100°. This yields only a moderate
change in the fraction associated with the benzene.
The calculations of Johnson and Bovey require
the groton to approach on the sixfold axis within

1.6 A. of the face, of she benzene ring, in order to
experience a 450 c.p.s. shift from the ring current
effect. This is as close an approach as is reason-
able. But a 450 c.p.s. shift is observed over the

experimental range 30-100° in Table V, and the

total difference between associated and non-as-

sociated monomers must be considerably larger.

A model with the acic proton sandwiched between

two benzenes would yield a larger shift and might

just barely fit the observation. These models

are grossly over-simplified and it is not clear whether

their refinement might yield quantitative agree-

ment or not. Experiments are planned for other
solutes in benzene where the results may be easier
to interpret.

Other possible temperature effects on the acid
proton are an increase in proportion of a trans
isomeris and an increase in the amplitude of tor-
sional oscillation, but neither of these effects seems
likelv to account for the large change in 5m in
Table V.

Because the calculated 5m depends on the
assumed values of Ki it is desirable to see whether
large changes in K>are necessary in order to main-
tain 5m at approximately 450 c.p.s. at all tempera-
tures. Assuming the Kz at 100° to remain un-
changed and setting Kz at 30° at a value which
also gives a 5m of 450 c.p.s. at 30° a new AH of
—5.62 kcal. mole-1 is obtained. The average
values of 5m and 5d calculated from these new
equilibrium constants are given in Table VI.
The deviations are about the same as in Table V.
It is seen that 5n now decreases about 70 c.p.s.
and then increases again, although the total fluc-
tuation is of the order of the deviations in the cal-
culated values. Apparently a set of equilibrium
constants which would make 5m exactly the same
at all temperatures would not fall on a straight-
line log K vs. I/T plot. Although this adjusted
value of I<2 at 30° is in closer agreement with the
dielectric measurements (1.41 X 103, the disagree-
ment with the freezing point, isopiestic, and boil-
ing point studies both in K>and AH make it rather
unlikely that this alternate interpretation is the
correct one.

If the behavior of 5m, as illustrated in Fig. 4, is
caused by association cf the acid with the aromatic
solvent, then it should not be observed in more inert
solvents such as CC1l4 An infrared determination
of the dimerization of benzoic acid in CC14 has been

(18)
information on the trans isomer of formic acid.

See T. Miyazawa and K. S. Pitzer, ibid., 30, 1076 (1959), for
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Tabte VI

Calculated Monomer and Dimer Shifts of Benzoic
Acid in Benzene After Adjustment of Equilibrium

Constants

(AH = —5.62 keal. mole-1)

° om (c.p.s. from ¢p (c.p.s. from
r, C. A benzene) benzene)

30 2200 450 425

40 1622 413 -419

50 1230 -415

60 955 381 -410

70 741 380 -407

80 589 398 -405

90 468 424 -403

100 380 442 -400
reported. s The K2 at 25° converted to mole

fraction units was calculated to be 4.56 X 104
Unfortunately, the concentration range of our
n.m.r. data, which are given in Table IV, was
severely limited by the solubility of the acid in
CCh and the signal to noise ratio of the spectrom-
eter. On the basis of these limited measurements
5m and 5d were calculated to be 2,267 + 302 and
—399 * 9 c.p.s. from benzene after correcting for
the bulk susceptibility differences in benzene and
CCls. This monomer shift is even higher than
that calculated for the benzene solutions, sug-
gesting some cause other than solvent association.
On the other hand, the concentrations of the solu-
tions were limited to a very small range and, in
addition, the reliability of the infrared equilibrium
constant is unknown. There are no other measure-
ments of the benzoic acid-CCU system, but com-
parison of the distribution and infrared studies of
acetic acid in CCb shows the infrared AT to be about
ten times that obtained from the distribution
measurements.sis A K2cf 4.2 X 103 would bring
the calculated 5m to about 440 c.p.s. and 5d to
—396 c.p.s.

It is possible that the very high 5m values may
be spurious and may have arisen from these cal-
culations because of the very small amounts of
monomer as compared to dimer. However, the
average deviations from the means are relatively
consistent throughout the temperature range in
Table V, and it is not clear that such an error
should be predominantly in one direction rather
than random.

Formic and Acetic Acid—Only one investiga-
tion of the monomer-dimer equilibrium for formic
acid in benzene has been reported. s A K2 of
141 X 10s was calculated from dielectric constant
data of 30°. Since no values of All have been
reported it was only possible to calculate the mono-
mer and dimer shifts for one temperature. The
average values at 30° are 908 + 141 and —333
+ 19c.p.s., respectively.

The acetic acid-benzene system has been investi-
gated by study of the distribution of acetic acid
between benzene and water and by measurement
of the dielectric constant.12 20 The calculations by
Davies appear to be the most reliable, having taken
into account the solubility of water in the solvent,

(19) J. Wenograd and ft. A. Spurr, J. Air.. Chem. Soc., 79, 5844
(1957).
(20) M. Davies, Z. physik. Chem. (Frankfurt) N.F., 2, 353 (1954).
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association in the aqueous phase, and possible
higher polymers. The equilibrium constants ob-
tained by Davies were used to calculate the mono-
mer and dimer shifts for acetic acid in benzene at
several temperatures. Dames’ values of AH =
—8.89 keal. mole-.1 and AS = 19.82 cal. deg.-:
mole-1 were used to calculate ivz at higher tempera-
tures. The resulting constants and shifts are listed
in Table VII.

Tabte VII

Calculated Monomer and D imer Shifts for Acetic Acid

in Benzene

(AH = —8.2 keal. mole”.g)

R 5m (c.p.s. from Si (c.p.s. from
C. A2 benzene) benzene)
30 1360 547 £+ 122 -348 + 16
40 831 421 + 107 -341 = 15
50 536 293 + 95 -332 + 12
60 371 199 + 92 -320 + 14
70 235 122 + 94 -308 £ 11
80 101 102 + 101 -310 + 13

The behavior of 5m is similar to that observed for
benzoic acid in benzene but the shifts are at much
lower field than calculated for the latter system.
The change of 5n with temperature is approxi-
mately the same as for benzoic acid. This offers
support for the postulated complexing with the
solvent. The K2calculated from dielectric studies
is much higher than Davies’' value and yields con-
siderably larger monomer shifts.

The average 5d for the three acids shifts to lower
applied magnetic fields in the order formic, acetic,
benzoic. Since a shift to lower field is character-
istic of the formation of a hydrogen bond, this trend
may indicate increasing strength of hydrogen bond-
ing in the three acids in that order. The magni-
tudes of the shift of the hydroxyl stretching fre-
guency in the infrared are also observed to increase
in this order.21

High Polymers.—It has not been possible to
determine the nature or amount of higher polymers
in these dilute solutions. The larger deviations
of the calculated monomer and dimer shifts for
formic acid and acetic acid might indicate inter-
ference by higher polymers, but no particular
trends were observed to be dependent on whether
pairs of solutions in the low or high concentration
regions were used in the calculations. The be-
havior of the observed shifts at higher concentra-
tions is interesting, however. None of the ob-
served shifts reached the calculated dimer values in
the concentration ranges studied. The aliphatic
acids, in fact, show a shift of the resonance back
toward higher field at greater concentrations. This
behavior was first observed by Reeves and Schnei-
der22 for acetic acid in several solvents and was
again observed in this study. The shift of 5 for
pure acetic acid toward higher field amounts to
about 60 c.p.s. from the lowest observed shift,
or about 110 c.p.s. from the calculated dimer
frequency. A similar shift was observed for formic

(21) L. J. Bellamy, “Infrared Spectra of Complex Molecules,”
John Wiley and Sons, Inc., New York, N. Y., 1958.

(22) L. W. Reeves and W. G. Schneider, Trans. Faraday Soc., 54,
314 (1958); L. W. Reeves, ibid., 55, 1684 (1959).
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acid, and the pure acid resonance is about 100 C.p.s.
to higher field from the calculated 5d.

In the formation of hydrogen-bonded polymers
larger than the dimer it generally has been observed
that the OH stretching frequency in the infrared
is shifted a larger amount than in the dimer, indi-
cating a stronger hydrogen bond in the higher
polymers.2.  On this basis it would be expected
that the stronger hydrogen bonds in the higher
polymers would also cause a corresponding shift
of the n.m.r. resonance to lower field than in the
dimer. This has been observed in the alcohols and
phenolss Reeves and Schneiderz2 have suggested
that the hydrogen bonds in the higher polymers of
the acids are not as strong as in the dimer, but such
an argument does not seem reasonable since the
polymers presumably have lower entropy per mono-
mer unit but are formed preferentially at higher
concentrations in competition with the dimer. Also
it is known that the hydrogen bonds in the polymer
in crystals are shorter than the bonds in cyclic
dimers

It seems to us much more likely that the n.m.r.
shift is not a reliable indicator of hydrogen bond
strength because this shift is influenced by factors
which have no effect (or may even have a reverse
effect) on the bond strength. Thus in the higher
polymers the o — o distance may be small enough
for the unbonded oxygen electrons to contribute sig-
nificantly to a diamagnetic shielding of the carboxyl

J. H. SINFELT, H. HURWITZ AND J. C. ROHRER
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proton.r The 0—0 distance in formic acid dimer
is 2.75 A .; while that in the polymer present in the
solid is reduced to 2.58 A. The actual 0—O0 dis-
tance in the polymers in solution may also be of this
magnitude. Several molecules are known in which
this distance is extremely short because of steric
reasons. Examples are maleic acid (2.46 A.) and
Ni-dimethylglyoxime (2.44 A.). It has not been
possible to observe the n.m.r. shift of these com-
pounds in non-hydrogen-bonding solvents because
of their limited solubilities. It would be desirable
to do so, since then only the hydrogen bonds of the
molecule of interest would be observed. Several
solutions of maleic acid in acetone have been
measured, and an extrapolation of the shifts toward
pure maleic acid indicates that the shift in the
absence of bonding with acetone is about 250 c.p.s.
below benzene. This is a little higher than that
usually observed for hydrogen-bonded acids (300-
400 c.p.s. below benzene), but not appreciably so.
Since this average shift includes the internally
bound hydrogen as well as the hydrogen bond in the
dimer, the higher observed shielding may reflect
a higher shielding in the internal bond.

Acknowledgment—The authors wish to express
their appreciation to Dr. George C. Pimentel for
many helpful discussions and to Dr. Power Sogo
for aid with electronic problems. A portion of this
work was supported by the Atomic Energy Com-
mission.

KINETICS OF n-PENTANE ISOMERIZATION OVER Pt-Al2D3 CATALYST

By J. H. Sinfelt, H. Hurwitz and J. C. Rohrer

Esso Research and Engineering Company, Linden, N. J.
Received January 16, 1960

The Kinetics of re-pentane isomerization over a Pt-Al2 3catalyst were investigated at 372°. The reaction was carried out
in a flow reactor in the presence of added hydrogen at pressures ranging from 7.7 to 27.7 atm. and hydrogen to re-pentane
ratios ranging from 1.4 to 18. The rate of isomerization was found to correlate with the re-pentane to hydrogen mole ratio
and to be independent of total reactor pressure at a fixed re-pentane to hydrogen ratio. These results can be explained in
terms of the postulated mechanism by which isomerization proceeds via an olefin intermediate present in equilibrium concen-
tration. According to this mechanism re-pentane dehydrogenates on platinum sites to n-pentene, which in turn migrates to
acidic sites to isomerize, presumably by a carbonium ion mechanism. The rate-controlling step is the isomerization of the

intermediate olefin on acidic sites.

Introduction

Isomerization of n-paraffins over dual-function
catalysts is becoming increasingly important in the
petroleum industry. The dual-function catalysts
consist of an active hydrogenation-dehydrogena-
tion component such as platinum supported on
an acidic oxide such as alumina or silica-alumina.
A mechanism involving olefin intermediates has
been proposed by several investigators for isomeri-
zation of paraffins over these catalysts.1-s  Accord-
ing to this mechanism the dehydrogenation com-
ponent of the catalyst generates the intermediate
olefin which migrates to acidic sites to isomerize,
presumably via a carbonium ion mechanism. In
general, either the dehydrogenation or acidic func-

(1) G, A. Mills, H. Heinemann, T. H. Milliken and A. G. Oblad,
Ind. Eng. Chem., 45, No. 1, 134 (1953).

(2) F. G. Ciapetta and J. B. Hunter, ibid., 45, 147 (1953).
(3) P. B. Weisz and E. W. Swegler, Science, 126, 31 (1957).

tion may be rate controlling, depending on catalyst
and reaction conditions. With these thoughts in
mind it was decided to investigate the kinetics of
n-pentane isomerization over a Pt-AhCh catalyst to
check the proposed mechanism.

Experimental

Materials.—Phillips pure grade re-pentane (>99 mole %
purity) was used in these experiments. The re-pentane
was dried with Drierite (CaSCh) to less than 5 p.p.m. HD
before using. The hydrogen used was passed through a
Deoxo cylinder containing palladium catalyst to convert
trace amounts of oxygen to water, and then dried over
Linde 5A molecular sieves. The catalyst contained 0.3%
platinum supported on alumina and was prepared by im-
pregnation of alumina with aqueous chloroplatinic acid.
The surface area of the catalyst was 155 m.s/g. The
catalyst was used in the form of pellets with an equivalent
spherical diameter of about Vsinch.

Procedure.—The reaction studies were carried out in the
presence of added hydrogen in a flow system using a V* inch
1.d. stainless steel reactor containing 15 g. of catalyst. The
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Table |

ti-Pentane Ilsomerization at 372°-Product Composition Data

Period no. 5 6 7
Pressure, atm. 27.7 27.7 7.7
H2n-C5 5.0 5.0 5.0
LHSV® 26.4 9.3 26.7
Composition, mole %b

Ci 0.1 0.1

Cc2 2 3 0.1

c3 2 3

TI-C, A 1

i-Cl

71-C5 94.0 85.8 95.1

i-Cb 5.5 134 4.7
Cyclo-Cs 0.2 0.2

“O/Liquid hourly space velocity, g. n-pentane/hr./g. catalyst.
0.1%70.

reactor was surrounded by an electrically heated aluminum
block to maintain isothermal operation. The catalyst was
pretreated with hydrogen for three hours at 527° prior to
introducing the ra-pentane feed. Reaction products were
analyzed by a chromatographic column coupled directly to
the outlet of the reactor.

Reaction periods of 30 minutes were employed throughout
this work. This was found to be more than adequate for
attainment of steady-state conditions prior to sampling.
Reaction temperature was maintained at 372° for all the
n-pentane runs. Total pressure was varied from 7.7 to 27.7
atm., and the hydrogen to re-pentane mole ratio from 1.4
to 18. Liquid hourly space velocities ranged from 9.1 to
26.7 g./hr./g. catalyst. The n-pentane conversion levels
ranged from 4.1 to 17.9%.

Results

The n-pentane isomerization experiments were
made at low conversion levels to minimize the ef-
fects of secondary reactions. The reaction rate r
is defined by the expression

Fdi

diF ()
where F is the n-pentane feed rate in g. mole/hr.
and dx is the fractional conversion obtained in an
element of catalyst dIT. Thus, the slope at the
origin of a plot of fractional conversion vs. W/F is
the initial reaction rate. The quantity W/F is the
reciprocal of the space velocity. By making the ex-
periments at low conversion levels the initial rates
can be determined satisfactorily.

The reaction kinetics were investigated by vary-
ing the n-pentane and hydrogen partial pressures
individually and noting the effects on initial isom-
erization rates. Detailed product composition
data from which the rates were calculated are shown
in Table 1. Small amounts of hydrocracking and
cyclization were noted in addition to isomerization,
but the selectivity to isomerization was 90-95%.
Isomerization rates are summarized in Table II.
The rate was found to increase with increasing -
pentane partial pressure but to decrease with in-
creasing hydrogen partial pressure. At a constant
n-pentane to hydrogen mole ratio, the rate was
found to be independent of total pressure. The re-
action rates can be correlated with the n-pentane
to hydrogen mole ratio. The rate data are fitted
satisfactorily by an equation of the form

8 9 10 n 12 13
7.7 24.4 24.4 11.0 21.0 11.0
5.0 18.0 18.0 1.4 5.0 1.4
9.1 23.4 9.1 26.6 26.5 9.4
0.1 0.1 0.2
.2 0.2 3 0.1 0.1 A
2 0.1 2 0.1 0.1 2

1 A A
A

87.4 95.9 92.2 90.7 95.1 82.1
12.0 3.4 7.1 8.8 4.5 17.5
0.2 0.2 0.1 0.2 0.2 0.2

6 Where blank spaces occur the amount present is less than

where the constants k and n at 372° take the values
0.040 and 0.5, respectively, when the rates are ex-
pressed in g. moles/hr./g. catatyst.

Tabre Il
Summary of «-Pentane Isomerization R ates at 372°
Pressure, atm.
Total 24.4 7.7 210 277 11.0
71-Co 13 1.3 3.5 4.6 4.6
h2 23.1 6.4 175 231 6.4
Reaction rate® 0.011 0.018 0.017 0.020 0.034

“ Initial rate (zero conversion), g. mole/hr./g. catalyst.

Discussion

These results support the postulated mechanism
by which paraffin isomerization proceeds via an
olefin intermediate, with the rate-controlling step
being the reaction of the olefin on acidic sites.

Pt
1-Cs < > 7i-C8 + H2 (fast)
Acid
N-Cc-—m>i-Cr (slow)

Sit
Pt

H2+ (-C5" < > i-C5 (fast)

The n-pentene which is formed on the platinum is
in equilibrium with n-pentane and hydrogen in the
gas phase, so that the partial pressure of the n-pen-
tene is given by

K

Pno- =

(3)

where K is the thermodynamic equilibrium con-
stant and Vnc-, prctand are the partial pres-
sures of n-pentene, n-pentane and hydrogen, respec-
tively. The n-pentene migrates to an acidic site
where it is adsorbed. The adsorbed n-pentene
then isomerizes, presumably by a carbonium ion
mechanism. The rate of this step is controlling
and therefore the over-all rate is given by

r = k'[n-Cr]a (4)

where k' is the rate constant and [n-C5' ], is the con-
centration of adsorbed n-pentene. The concentra-
tion of adsorbed n-pentene may be related to the
n-pentene partial pressure in the gas phase by a
Freundlich type relation

[»-Crla = @'"ncr 5)
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Fig. 1.—-Isomerization rate vs. pentene partial pressure.

where b and n are constants. Substituting equa-
tions 3 and 5 into 4 the rate expression becomes

r = k'bK" \PH /

which is identical with the form of equation 2 found
by experiment.

The rate equation could also be expressed in the
form

r h VncIPU

1 + rapnCi/jpm

which follows from the assumption that the Lang-
muir adsorption isotherm applies in relating the
concentration of adsorbed n-pentene to its partial
pressure in the gas phase. However, the simple
Langmuir equation is strictly applicable to a homo-
geneous surface, which is very likely not the case for
the type of catalyst used here. To apply the Lang-
muir equation rigorously it is necessary to account
for differences in activity of the various sites. If it
is assumed that the active sites are distributed ex-
ponentially with respect to the energy of adsorp-
tion, it has been shown that the Freundlich type
isotherm is a reasonable approximation.4

The assumption of olefin intermediates in isomer-
ization is supported by the observation of olefins
in the reaction products. However, at 372° and at
the hydrogen pressures used in this work the equi-
librium concentration of olefins is very low (<0.1%),
and the accuracy of the analyses at these low con-
centrations was not good enough to establish that
equilibrium concentrations of olefins were attained.

The results of an experiment in which 1-penteno
was passed over a sample of the catalyst containing
no platinum lend additional strong support to the
proposed mechanism. In this case the catalyst
possesses only the acid function, and if the pro-
posed mechanism is correct, it should be possible to

(4) J. Zeldowitzh, Acta physicochim. U.S.S.R., 1, 961 (1935).
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predict the rate of pentene isomerization to methyl-
butenes over this catalyst from the results on n-
pentane isomerization over the Pt-AUCh catalyst.
Figure 1is a plot of the rate of ra-pentane isomeri-
zation over the Pt-Al2 3catalyst vs. the calculated
equilibrium partial pressure of ra-pentenes at the
conditions of the experiments. The equilibrium
partial pressures were calculated from free energy"
data compiled in APl Project 44.5 Also included
in the plot is a point showing the rate of 1-pentene
isomerization over the Pt-free catalyst. This point
is found to agree with the rate predicted from ..
pentane data within about 25%), which is considered
to be strong evidence that the rate-controlling step
in 7-pentane isomerization is the isomerization of
the pentene intermediate on acidic sites.

That the rate-controlling step in paraffin isomeri-
zation is the isomerization of the olefin intermediate
is also supported by results on n-heptane at 471°, 21
atmospheres total pressure, and 5:1 hydrogen to -+
heptane mole ratio. In these experiments the
dehydrogenation activity of the catalyst was
varied by changing the platinum content, while the
acid function of the catalyst remained unchanged.
Increasing platinum content from 0.1 to 0.6 wt.
% had essentially no effect on the rate of isomeri-
zation, the rate increasing only from 0.11 to 0.12 g.
mole/hr./g. catalyst. Thus, even at the lowest
platinum content the dehydrogenation activity"
of the catalyst was sufficient to maintain an equi-
librium between paraffin and olefin in the gas phase.
The isomerization rate is therefore controlled by
the acid activity" of the catalyst.

As mentioned previously the reaction of the ole-
fin intermediate on acidic sites can be pictured in
terms of a carbonium ion mechanism. The ad-
sorption of the olefin results in the formation of a
carbonium ion by addition of a proton from the
catalyst surface. The carbonium ion then re-
arranges on the surface according to the rules for
carbonium ion reactions.6 The isomerized car-
bonium ions can revert to isoolefins byr elimination
of a proton. The isoolefins then migrate to plati-
num sites where they" are hydrogenated to the cor-
responding isoparaffins, thus completing the re-
action.

Conclusion

Kinetic data on 77-pentane isomerization over
Pt-AlZCs catalyst support the postulated mecha-
nism by which paraffin isomerization proceeds
via an olefin intermediate. At the conditions
used in this work the rate-controlling step is the
isomerization of the intermediate olefin.
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(5) “Selected Values of Physical and Thermodynamic Properties of
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(6) F. C. Whitmore, 3. Am. Ckem. Soc., 54, 3274 (1932).
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KINETICS OF HYDROLYSIS OF POLYETHYLENE TEREPHTHALATE FILMS

By R. C. Golike and S. W. Lasoski, Jr.

Film Department, Yerkes Research Laboratory, E. |I. du Pont de Nemours & Co., Inc., Buffalo, New York
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The hydrolytic degradation of polyethylene terephthalate films as measured by molecular weight change has been shown
to be a second-order reaction limited by diffusion of water into the film. The theoretical equations defining such a reaction
were developed. Through application of these equations, it was possible to define accurately the rate of degradation of
ethylene terephthalate film over the temperature range of 60 to 175° over water activities of essentially zero to one, and over

four orders of magnitude in rate.

Introduction

Several works dealing with the degradation of
polyethylene terephthalate have been reported;
however, thus far, only a semi-quantitative defini-
tion of the kinetics of hydrolytic degradation has
evolved.1-s  From work on the kinetics and mecha-
nisms of thermal degradationiz in the molten
state and on photolysiss it may be estimated that at
moderate temperatures, e.g., below 150°, the only
appreciable degradation will occur by hydrolysis
of the ester linkages. A rigorous description of
hydrolysis kinetics would seem to require that con-
sideration be given to the fact that the reaction
takes place in the solid state. This would require
such factors as the degree of water sorption and the
rate of water diffusion be taken into account since
they will vary with the physical structures of the
solid. The main objective of this work was to
isolate the specific rate constant for the hydrolysis
reaction of polyethylene terephthalate in film form,
to define its dependence upon temperature, and to
account for its dependence upon the factors men-
tioned above.

Experimental

Samples of films 0.0025, 0.0075, 0.0125 and 0.0187 cm.
in thickness were exposed at various water activities in the
temperature range of 60 to 175°. At temperatures of 60,
80 and 100° samples were exposed in containers placed in
ovens at constant temperatures; water activities of 1.0,
0.51 and 0.23 were maintained by placing water, saturated
sodium bromide and saturated sodium iodide solutions,
respectively, in these containers. At temperatures of 125
150 and 175° samples were exposed in an air-tight oven with
an internal circulating system. In these cases, air con-
taining 18 mm. partial pressure of water vapor was contin-
uously introduced; the water content of the discharge air
stream was continuously monitored to ensure that the cor-
rect water concentration was maintained in the oven. A
set of samples also was exposed by sealing films in “ Citrate
of Magnesia” bottles containing enough water to provide
saturated conditions and placing the bottles in an oven at
136°.

Since polyethylene terephthalate crystallizes at tempera-
tures above the glass transition temperature of about 70°,
it was not possible to carry out most of the above on amor-
phous films.9 Therefore, a set of oriented semicrystalline
films was used. These were specially selected to have the

(1) H. A. Pohl, J. Am. Chem. Soc., 73, 5660 (1951).

(2) 1. Marshall and A. Todd, Trans. Faraday Soc., 49, 67 (1953).

(3) J. R. Whinfield, Endeavor X1, 41, 29 (1952).

(4) R. A. Hudson, British Plastics, 26, 6 (1953).

(5) D. G. Bannerman and E. E. Magat in “Polymer Processes,”
C. E. Schildknecht, editor, Interscience Pub., New York, N. Y., 1956.

(6) H. A. McMahon, etal., Chemical and Engineering Data Series, 4,
57 (1959).

(7) J. P. Harrington and R. J. Ward, Hermetic Motor Systems Insu-
lated with “Mylar” (Du Pont registered trademark) Polyester Film:
ASRE Meeting, New Orleans, December, 1958.

(8) K. R. Osborn, J. Polymer Sci., 38, 357 (1959).

(9) H.J. Kolb and E. F. Dard, J. Appi. Phys., 20, 564, 571 (1950).

same initial intrinsic viscosities and levels of orientation
and crystallinity. (These were selected Types C and D
“Mylar” polyester films.) Exposure of one amorphous
film at 60° was carried out in order to compare data on
comparable amorphous and oriented crystalline films.

In all the above exposures, samples were removed after
the desired times and their intrinsic viscosity measured in
tetrachloroethane-phenol solution.8 From the decrease in
viscosity the number of moles of ester linkages hydrolyzed
per mole of polymer was calculated; the details of this
calculation are given in Appendix A.

Simple Kinetic Analysis
In order to show the basis for presenting the
experimental results it is desirable to present a
simple picture of the hydrolysis kinetics. If the
reaction obeys second-order Kkinetics then it will
be defined by

J - KA -

B - )

k = specific reaction rate constant

n = moles of ester linkages hydrolyzed per mole of
polymer

A = moles of ester linkages initially present per mole of
polymer

B = moles of water initially present per mole of polymer

t = time

If it is assumed that maintaining samples at con-
stant humidity maintains constant water concen-
tration in the film then (B — n) may be replaced by
C, which is the effective water concentration and
which has the same units as B. Therefore, the
reaction may be described as a pseudo first-order
reaction, and equation 2 becomes

Hy = kC{A - n) (2)
which integrates simply to
In(1 —n/A) ——kCt (3)

The value of A, which is the average number of
ester linkages per mole of polymer, is calculated
from the initial number average molecular weight.
The intrinsic viscosity of all samples studied was
0.58 + 0.01 which corresponds to a number aver-
age molecular weight of 13,800.® For this polymer,
A equals 144. Since the diffusion and sorption of
water in these films has been shown to be limited to
the amorphous portion, 1o it was assumed that
hydrolysis occurred only in the amorphous fraction
of the film. Therefore, the value of A was cor-
rected in proportion. The density of the films was
1.389 which corresponds to an amorphous fraction
of 0.53.10 Hence, the corrected value of A is

(10) S. W. Lasoski, Jr., and W. H. Cobbs, Jr., J. Polymer Sci.. 36,

21 (1959).
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Fig. L

144 X 0.53 = 76. It should be noted that, since
all these films had the same initial molecular weight
and degree of crystallinity, any error in the above
value of A would be important only in comparison
of these data with those on other films and would
have no effect on the conclusions reached here.
From the above value of A and the values of n
shown in Table I, it can be seen that n/A will be
less than about o.02; this maximum value cor-
responds to a reduction in the number average
molecular weight by a factor of 2.5. For these
small values of n/A, equation 4 reduces to
2 = kCt = k't (5)

From values of n and t obtained in the manner
noted, values of kC, denoted k', were calculated by
the least-squares method for the various exposure
conditions. In Table I an example of the data and
calculation for one exposure are shown.

Table |

E xample op Calcdlation op k’

100°, 51% RH, 0.0125 cm. film

mt;
“« A .
ke st2 =S = 544 x 10-4 days_I
t, (molgllmole mu
days of polymer) A «*
0 0.58 0 0 0
7 .55 0.11 0.010 49
10 .49 .38 .051 100
17 43 a7 174 289
20 .33 77 .203 400
27 .40 1.03 .367 729
28 .38 1.24 457 B
35 .36 1.48 .683 1225
_.>Mi

1945 2 t-2= 3576

In Table Il values of k' for the films studied at
various exposure conditions are summarized. Ex-
amination of these data reveals large variations in
k' with film thickness at many exposure conditions.
This behavior indicated the reaction was limited
by the diffusion of water molecules into the film.
In order to carry out a rigorous analysis, it will
therefore be necessary to analyze the data in terms
of a diffusion limited reaction.

R. C. Golike and S. W. Lasoski, Jr.
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Theory of Diffusion Limited Hydrolysis.— If the
hydrolysis is limited by diffusion of water into the
film the value of C in equation 2 is not a simple
function of water activity but should also be a
function of both the rate of chemical reaction and
the rate of water diffusion. In order to deyelop
the expression for k' under such conditions, the
equations for the diffusion process and the chemical
reaction were set up as they apply to a thin film.
These were solved for steady-state conditions to
yield an equation defining the reaction under
such conditions. The details of this development
are given in Appendix B. The end result is that,
for the diffusion limited reaction, equation 5 must
be replaced by

tanh -xI-jr |
V=

Co is the water concn. at the film surface
D is the diffusion coefficient
| is one-half the film thickness

aOo

where

To apply this equation it is necessary to know
kA/D to a reasonable approximation or to calculate
families of curves for various values. It will be
convenient to use the approximation tanh x/x =
1 — a23 which is valid for small values of x;
use of this gives

ks Kb-

If y/(kA/D)I is small enough that the above ap-
proximation is valid, equation 7 can be used;
if not, equation 7 may be used as a means of
approximating y/kA/D for use in equation s .

(77) 12 )

Discussion of Results
Figure 1 shows values of k' at 100 and 150°
plotted vs. tanh y/(kA/D)I/y/(kA/D)Il. Values of

k' were first plotted vs. 12and values of y/kA/D were
calculated from the slopes and intercepts of these
plots according to equation 7. These values were
then used in obtaining the abscissa of Fig. 1. The
excellent agreement between experimental data
and the theoretical equations is felt to confirm
both the equations which were developed and that
the reaction is limited by diffusion. Table 11l
summarizes values of kCQ the rate constant at
zero thickness, and y/kA/D, which were obtained
from Fig. 1 and similar plots of data at other tem-
peratures.

Having removed the dependence of rate of hy-
drolysis on the diffusion of water into the film, it
is possible to define more accurately the dependence
of rate upon water concentration. The concentra-
tion of water is best expressed in terms of activity,
the quantity p/pQ where p is the partial pressure
and po the vapor pressure at that temperature.
Upon examination of values of kCOat 100 and 80°
at various relative humidities shown in Table 111,
it may be seen that there will be no large error
introduced if it is assumed that fcCo and, since k
is independent of concentration, Co are linear
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Table 11

'
Value of k in Days"

Exposure conditions 0.0025 cm. film

175° 18 mm. 6.19 X 10 '4 9
150 18 mm. 4.74 X 10"4 4
125 18 mm. 2.00 X 10-4 1
136 100% RH 3.7 X 10-2 3
100 100% RH 1.70 X 10"3 1
100 51% RH 6.83 X 10-4 5.
100 23% RH 2.76 X 10“4 2
80 100% RH 2.97 X 10“4 2
80 51% RH 1.34 X 10-4 9
80 23% RH 6.71 X 10-6 3
60 100% RH 3.37 X 10"6 1
60 51% RH 2.55 X 10“5 1
Table 111
Conditions P/Po kCo (days “*® VkA/D
175°, 18 mm. 0.0026 8.15 X 10- 40
150, 18 mm. 0.0049 4.97 X 10"4 112
136, 100% RH 1.00 3.80 X*10-2¢
125, 18 mm. 0.010 2.03]x]10-4 119
100, 100% 1.00 1.72_X 10“3 131
100, 51 0.51 6.91jX 10-4 132
100, 23 0.23 3.16 X 10“4 162
80, 100 1.00 3.05 X f10-4 131
80, 51 0.51 i.37;x*io-4 155
80, 23 0.23 6.7R X 10-5 171
60, 100 1.00 4.64'x 10“5 625
60, 51 0.51 4.01]1x 10“5 740

These are the average values of kC, too much scatter to

determine kCo and 's/kA/D.

functions of water activity. This approximation
is especially good at values of p/p0less than about
0.7. If the units on Co are chosen as activity then
k may be calculated directly by dividing kCo by
the corresponding value of p/pe. In Fig. 2 the
values of k calculated from the data of Table I
are plotted as afunction of reciprocal of the absolute
temperature. The equation of the line shown,
determined by least-squares, is
logk = 10546 - 4936/T (8)

The activation energy of the reaction is 22.6 kcal./
mole: the probable error is 0.5 kcal. It should be
noted that this function extends over 60 to 175°,
over water activities from 0.003 to 1.0, and over
four orders of magnitude in rate.

As noted previously, a sample of amorphous
film, comparable to the oriented crystalline
films, was exposed below the glass transition
temperature; this was to check both the assumption
that degradation takes place only in the amorphous
phase and the resulting correction of the value of A.
This sample was 0.012 cm. in thickness and was
exposed at 60° and IOOFc RH; the value of kC
was 2.10 X 10-s days-1. This value must be
compared with that for the oriented crystalline
film of the same thickness and exposed at the
same conditions given in Table I1l; this latter
value is 193 X 105 days-1. The agreement
within s % is considered quite good, and is felt to
confirm the above assumption and correction of A.

Appendix A

Calculation of Moles of Polymer Hydrolyzed from
Intrinsic Viscosity Data.— If the undegraded poly-

0.0075 cm. film

0.0125 cm. film 0.0187 cm. film

.08 X 10“4 9.08 X 10-4 8.42 X 10-4
61 X 10-4 4.21 X 10-4 3.29 X 10-4
82 X 10“4 1.91 X 10“4 1.24 X 10-~4
90 X 10“2 4.47 X 10%2 3.17 X 10~2
50 X 10-3 1.28 X 10"3 8.90 X 10-4
44 X 10-4 5.00 X 10“4 3.42 X 10"4
63 X 107”4 2.24 X 10“4 1.16 X 101
74 X 10-4 2.28 X 10-~4 1.53 X 10"4
87 X 10 1.03 X 10-4 461 X 10-6
42 X 10-6 4.34 X 10-6 1.58 X 10~5
82 X 10"5 1.93 X 10“5 8.95 X 10-«
27 X 10-5 2.41 X 10-s 6.71 X 10-6
10'l-
v
4
0
g .d*
t
>
8 3
*
06 k.
Fig. 2.

mer molecule is made up, on the average, of m
repeat units the number average molecular weight,
Mg will equal 192wt, since the formula weight of a
repeat unit is 192. Reaction of a polymer molecule
with n molecules of water yields n + 1 new poly-
mer molecules. If after time t a polymer system
with an average chain length m has reacted with
ut moles of water per mole of polymer the new
average chain length will be m/(nt+ 1). J7t, the
number average molecular weight after time t,

will be 192;?i/(nt+l)- Therefore
4/o0 192m(re + 1)
"lit 192m (AD)
or
Mo
A2
4t (h2)

The number average molecular weight is related
to the intrinsic viscosity bys
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M = ifh]18
Therefore
[il«u (A3)
Appendix B

Derivation of Equations Defining the Diffusion
Limited Hydrolysis of a Film.—Consider a film of
thickness 21, whose other dimensions are large by
comparison, exposed to a humid atmosphere such
that the concentration of water vapor at the film
surface is constant. Set up a coordinate system
such that the origin is at the center of the film.
The diffusion processes will be defined by

&C = oC
o O (BD)
where
C is the concentration of water in the volume element rlj
at x (a rectangle of sides one cm. by one cm. by dx cm.)

D is the diffusion coefficient which is assumed to be con-
stant

t is the time

The hydrolysis reaction will be defined by

¢7 = k(A - n)C (B2)

where
n is the no. of moles of water or ester linkages per mole
of polymer which have reacted after time t
.1 is the initial concn. of ester linkages per mole of polymer
k is the rate constant

The total change in water concentration with
time, acC/at, will be the difference between the
amount diffusing in and that reacting; for steady-

state conditions this must equal zero. Therefore
ac
ai=0=Da”- k(A ~ < (B3)

The procedure is to solve the steady-state equation,
put these solutions into the kinetics equation, and
solve the kinetics equation. The boundary condi-
tions imposed upon equation B3 may be expressed

and

c =Cor = + 1
Specifically n is a function of x since more reaction
will take place at the surface; however, since n is

much less than -4 the quantity (1 —n) may be con-
sidered constant for this integration. Carrying out

R. C. Golike and S. W. Lasoski, Jr.
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solution of equation Bo and imposing the boundary
conditions yields

C{x) = @ (B4;

It should be noted this equation has no meaning
for \XxX\>l and that it is finite and non-zero for all
allowed values of x and |. Substitution of this
relation into equation B2 yields

Bosh yji|-<-(£‘D_----|-I2x
n)COo

Eosh y

da
a KA -

This equation defines the rate of reaction, under
the conditions stated above, in the region between
x and x+d.r in the film. In order to obtain an
equation defining n as a function of time, film
thickness, and k/D, it is necessary to carry out two
integrations. First, the average rate must be ob-
tained by integration in the usual manner over the
range of x = -1tox = +Z; second, the rate equation
is then integrated over the limits of o to nand o to
t. Theresultis

. kA
sink2 "hr

loge kCat (BG)

. IK(A - n),
I
sinlv.

~ D 1

Values of the logarithm term were calculated on a
Bendix G-15 computer for n = o to 2.0, k/D =
10 to 1280, and 21 = 0.0025 to 0.0187, which cover
the entire range of values encountered in this work.
It was found: (1) the maximum value of the ratio
sinhz &/JkA/D)//Isinhz2v [ (k(A —ri) /D)l is 1.017 and
(2) the logarithm term is a linear function of n
to within 1.1% or less. On the basis of these facts,
equation Be may be simplified. The approxi-
mation logcx = 1 —Xx) may be made and shown
to introduce a maximum error of 0.85%. By
expansion of the terms into series, neglecting the
higher powers of 2, and rearranging we obtain the
approximate equation

tauh -JVIDi
/

(B7)

The maximum error ir rate involved in using this
equation rather than equation Be will be the ac-
cumulation of errors discussed above or about 2%.



July, 1960

Analysis of Absorption Spectra of Multi-component Systems

899

ANALYSIS OF ABSORPTION SPECTRA OF MULTIC OMPONENT SYSTEMS1

By Richard M. Wallace

E. 1. du Pont de Aemours & Company, Savannah River Laboratory, Aiken, South Carolina
Received January 28, 1960

A method was developed to find the number of components that contribute to the absorption spectrum of a mu_Iticom_Hg)-
nent sj'stem. ~ A complementary %lgncedure was also developed to test for the presence of a non-absorbing species. e

only assumption involved is that

Introduction

Absorption spectra have been used to study a
number of systems in which several components ex-
ist in solution simultaneously. The stepwise forma-
tion of inorganic complexes and the formation of
different species of organic dyes are examples.
The analysis of the data in such studies usually in-
volves two assumptions: (1) that Beer's law is
valid for all components independently; and (2)
that a relation is known, from equilibrium con-
siderations, between the concentrations of the
various components and some other parameter,
such as the ligand concentration or the pH. The
most complete analysis of this sort has been given
by Newman and Hume: for the formation of inor-
ganic complexes. The number of components, as
well as information concerning their nature and the
equilibrium constants for reactions between them,
can be obtained from such an analysis.

Frequently, the conditions required for the valid-
ity of the second assumption are difficult to achieve
experimentally. It is possible, however, to find the
number of components from the first assumption
alone.

Theoretical

Beer's law for a multicomponent system may be
expressed as
fil
ax = N ek (1)

i=l
where <\ is the absorbance at wave length X tX
is the extinction coefficient of the kth component
at wave length X ct is the concentration of the
kth component, and m is the total number of com-
ponents.

If n experiments are performed ii: which the rela-
tive values of the (Ks are caused to change, equa-
tion 1 becomes

m

= 2

&= (=)

where ay, is the absorbance at wave lengl h Xin the

jth experiment, and 4 is the concentration of com-

ponent k in the jth experiment. These changes in

the Ks may be accomplished, for example, by

changing the ligand concentration in the formation

of inorganic complexes or the pH of solutions con-
taining organic indicators.

Equation 2 is the definition of matrix multiplica-
tion and may be written in the more compact form

(1) The information contained in this article was developed during
the course of work under contract AT (07-2)-J with the U. S. Atomic
Energy Commission.

(2) L. NewmaD and D. N. Hume, J. Am. Chem. Soc. 79,
U967).

1571

er's law is valid for each component.

A = EC @)

where A isap X n matrix, Eisap X m matrix, and
Cam X n matrix, p is the number of different
wave lengths at which one chooses to measure the
absorbance.

Since the rank of A is equal to the rank of E or C,
whichever is smaller, and since the rank of both E
and C can be no larger than m, the rank of A can be
no larger than m. The rank of both E and C will
usually be m, provided p and n are equal to or
greater than m, and it will only be necessary to de-
termine the rank of A to find the number of com-
ponents in the system.

The only conditions that could cause the rank of
C to be less than m are: (1) the concentration of
one component is zero in all experiments, (2) the
concentrations of all components are zero in more
than m experiments, and (3) the concentration of
one or more components can be expressed as a lin-
ear combination of the other components in all ex-
periments. The first of these conditions violates
the hypothesis of m components, the second is
trivial, and the third is so unlikely it need not be
given serious consideration. The rank of C will
therefore always be m.

The rank of E will be less than m only if (1) the
extinction coefficients of all components are zero at
more than m different wave lengths, (2) the extinc-
tion coefficients of one or more components are
zero at all wave lengths, or (3) the spectra of one or
more of the components can be expressed as a lin-
ear combination of the spectra of the other com-
ponents. The first of these can be eliminated by
the proper choice of wave lengths. The second im-
plies the existence of a non-absorbing component,
and together with the 'hird (which is possible al-
though unlikely) constitutes a limitation on the
method.

It is possible under certain circumstances to de-
termine if the rank of E is equal to or less than m
and consequently to demonstrate the presence of
a non-absorbing species or one whose spectrum is a
linear combination of the spectra of the other com-
ponents.

Let the sum of the concentrations of the compo-
nents be constant in all experiments.

mn

A2 fki = Cfor allj (4)

k=1
This condition can be arranged, for example, by
holding the concentration of the central ion con-
stant and varying the ligand concentrations in the
formation of inorganic complexes.

let a new matrix A* be formed by subtracting
one of the columns in A, say the ith, from every
column
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A* = A - Ao (5)

A* can then be represented as the product
A* = EC* (6)

where C* is formed by subtracting the ith column of
C from every column of C. Due to the restriction
imposed by equation 4 the rank of C* and therefore
A* can be no greater than o — 1

If the rank of A is equal to to, the actual number
of components, the rank of A* will be © — 1;
while if the rank of A is less than to, the rank of A
and A * will be the same. This procedure is not ap-
plicable where two of the components have identi-
cal spectra. In that case the rank of A* will be
one less than that of A, even though the rank of A
is less than the number of components.

Statistical Criterion for Determining Rank.—
Since the elements of both A and A* are experi-
mental quantities, it is highly unlikely that any
square submatrix in A or A* will be singular in a
strictly mathematical sense. A statistical criter-
ion is therefore necessary to find when the deter-
minant of one of these submatrices may be consid-
ered to have vanished, in order to determine the
rank by finding the largest non-singular submatrix.

The standard deviation <ai of a determinant
jAl can be expressed in terms of the standard de-
viations of the individual measurements caxj and
the cofactors of the elements aX.

olai = p aaxj2 (a*j)*J,/2 (7)
The summation is carried out over all elements of
the matrix. Equation 7 follows from the general
equation for the propagation of errors and the fact
that the partial derivative of a determinant with
respect to an element is equal to the cofactor of that
element.

If the errors of the individual measurements are
known, the probability that a matrix is singular can
be determined from the ratio of the absolute value
of its determinant to its deviation JA Jlo,m by
referring to a statistical table such as the one
found in the “Handbook of Chemistry and Phys-
ics.” 3

It is generally more convenient, however, to de-
termine the quantity

Since the determinant of a singular matrix will be
equal to its own standard deviation, it follows from
equation 7 that d will be equal to the standard de-
viation, tr, of the individual elements if the errors
are assumed to be constant in all measurements.
A reliable estimate of acan be obtained by examina-
tion of enough singular matrices. If a matrix is
non-singular d will be larger than a, and the proba-
bility that it is singular can be estimated from the
ratio d/a.

For purposes of calculations in which computers
are used, it is preferable to put equation 8 in its
equivalent form

3) “Handbook of Chemistry and Physics," Thirty-fourth Edition,

C. D. Hodgman, Editor, Chemical Rubber Publishing Co., Cleveland
7, Ohio, p. 228.
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d= ! ©
[E («ix-pl/l

where a\ 1 is an element of the inverse A -1 of A.
The summation is now carried out over the square
of all elements in A-1.

While these procedures are applicable to A* as
well as A, it must be remembered that the errors
in the elements of A* are larger than those in A,
since afa*i will be sensitive not only to errors in
the absorbance measurements but also to those in
the concentration. If errors in the absorbances and
concentrations are known, the errors in the ele-
ments of A * can be estimated from the equation

ffa*xj = U * + ffaXi2+ gr a2 + axiVj

where C and aOare the concentration and its stand-
ard error, respectively.

Experimental

All absorption measurements were made in the visible
region with a Cary Model 11M recording spectrophotometer
with a tungsten lamp as a light source. The spectra were
first scanned rapidly to determine the region in which
absorption occurred. More precise absorption measure-
ments were then made at 25-m/x intervals over this region
by measuring the absorbance for about 15 seconds at each
of these points. This procedure was necessary in order to
obtain accurate values in the region where the absorbance
was changing rapidly with wave length.

The individual methyl orange and methyl red solutions
were prepared by adding 100 microliters of a 0.1% solution
of the indicator to 10 ml. of a Clark and Lubs buffer solu-
tion of the appropriate pH.

Mixed solutions of the indicators were prepared by add-
ing 100 microliters of each of the 0.1% indicators to 10 ml.
of the appropriate buffer solution.

Application.— Methyl orange and methyl red were chosen
to test the method. Both of these compounds exhibit
spectra in the visible region that change as the pH is varied
between 2.0 and 7.0. It seemed probable that each of
these compounds existed in two forms and that the rank
of each of their A matrices would be two. The method
was also applied to a mixture of methyl orange and methyl
red whose A matrix should then have the rank of four. The
concentrations of the dyes were kept constant in each solu-
tion so that the condition expressed by equation 4 was valid
and the ranks of the A* matrices should be 1 and 3 for each
of the dyes and their mixture, respectively.

The following procedure was used in applying the method.
The spectra of a number of different solutions were measured
in which the same amount of dye was present but in which
the pH was varied between 2.0 and 7.0. The A matrix was
constructed by sampling the spectrum of each of these
solutions at a number of different wave lengths and placing
the absorbance measured for the same solutions in the same
columns and those at the same wave lengths in the same
rows of the matrix. The A* matrices were constructed
by subtracting the elements in the last column in each A
matrix from the corresponding element in every column.

The rank of each matrix was determined by first choosing
a 2 X 2 submatrix and calculating d. If the value of d
was close to the standard deviation, a, the submatrix was
considered to be singular. All 2 X 2 submatrices that could
be constructed from an element of the first and one addi-
tional row or column from the original matrix were examined
similarly. If the d value of each of these was close to
<, the rank of the matrix was taken to be one. If one of the
2 X 2 submatrices was found to be non-singular, all 3 X 3
submatrices that could be formed from that 2 X 2 sub-
matrix and one additional row and column were examined
until a non-singular 3 X 3 was found or all of them were
shown to be singular. This procedure was continued until
the largest non-singular submatrix was found.

The results of the measurements and calculations are
shown in Tables I through Il1l. The A matrices are shown
at the top of each of these tables, while sections A and B
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contain the d values of the submatrices of A and A*, re-
spectively, necessary to establish their rank. The first
column in each table gives the order of the submatrix, the
second and third the rows and columns, respectively, of
the original matrix from which they were taken, while the
last column contains the values of d. Since the A* matrices
were formed by a simple subtraction they are not shown.
Their indexing however is the same as that for the cor-
responding A matrix. Values of d were calculated using
equation 8 in Tables | and Il while equation 9 was used with
the larger submatrices in Table I11l. An IBM 650 com-
puter was used to invert the matrices when equation 9
was employed.

The values of d for all the 3 X 3 submatrices in Tables IA
and I1A are very close to the smallest value of the absorb-
ance that can be estimated, which is 0.001 absorbance unit.
These matrices can then be assumed to be singular, and with
this assumption the standard deviation, <, of the individual
measurements can be calculated from the values of d to
be +0.003. None of the values of d for the 3 X 3 sub-
matrices is as large as 2<while the values of d for the 2 X 2
submatrices are about 45cr. The rank of each A matrix
is therefore two.

Similarly the rank of each of the A* matrices may be taken
to be one since the largest value of d for any of the 2 X 2
submatrices in Tables IB and IIB is only slightly larger
than 2<r with a equal to +0.004. The larger value of a
arises from the necessity of holding the concentrations
constant.

Tabte |

A Matrix for Methyl Red

X, mp 34 4.6 o 54 0.2
575 0.460 0.342 0.108 0.018
525 .993 742 .282 .077
475 .400 .365 .310 .288
425 .060 152 .320 400

A. Evaluation of the rank of the A matrix

Order of
determinant Rows Columns d

2 2,3 2,3 0.145
3 1,2,3 1,2,3 .0041
3 1,2.3 2,3,4 .0029
3 2-3,4 1,2,3 .0020
3 2,3,4 2,3,4 .0003
B. Evaluation of the rank of the A* matrix
2 4,3 1,2 0.0036
2 4,2 1,2 .0008
2 4,1 1,2 .0012
2 4,3 1,3 .0040
2 4,2 1,3 .0036
2 4,1 1,3 .0084

It may be concluded from these results that both these
systems contain but two components that contribute to the
absorption, and no non-absorbing components.

The largest value of d for a4 X 4 submatrix in Table I11A
is 5.50-. The probability of this having occurred by chance
is about 1 X 10~6. This 4 X 4 submatrix must therefore
be non-singular. The 5 X 5 matrix itself is singular with a
dvalue less than <.  Its rank is therefore four.

One would have predicted the rank of the A* matrix for
the mixture of dyes to be three. Actually the value of d
for the 3 X 3 submatrix is larger than those for the two
4 X 4 submatrices. The difference, however, is not large
enough to state with a great deal of assurance that the
rank is three- The small value of d in the 3 X 3 submatrix
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Table Il

A Matrix for Methyl Orange

_pH
X, mL 2.2 3.0 3.8 6.2

550 0.825 0.670 0.315 0.050
500 1.250 1.100 770 .515
475 0.810 0.790 770 745
425 0.150 0.250 .460 .620

A. Evaluation of the rank of the A matrix
Order of

determinant Rows Columns d

2 2,3 2,3 0.137

3 1,2,3 1,2,3 .0007

3 1,2,3 2,3,4 .0007

3 2,3,4 1,2,3 .0054

3 2,3,4 2,3,4 .0026

B. Evaluation of the rank of the A* matrix

2 1,2 1,2 0.0017

2 1,3 1,2 .0054

2 1,4 1,2 .0041

2 1,2 1,3 .0025

2 1,3 1,3 .0027

2 1,4 1,3 .0006

Tabie Il

The A Matrix for a Mixture of Methyl Orange and

Methyl Red

______ pH--------
X, mfi 2.2 3.4 4.6 54 6.6"
575 0.430 0.540 0.390 0.137 0.022
525 2.325 1.835 1.070 0.508 0.262
475 1.395 1.245 1.155 1.075 1.060
425 0.223 0.427 0.742 0.938 1.055
375 0.052 0.159 0.319 0.438 0.512
A. Evaluation of the rank of the A matrix
Order of
sterminant Rows Columns d
2 1,5 1,5 0 326
3 1, 3,5 1,3,5 .136
4 1,2,3,5 1,3,4,5 .0051
4 1,3, 4,5 1,2,3,5 .0077
4 1,2,3,5 1,2,3,5 .0164
4 1,3,4,5 1,3,4,5 .0031
5 .0009
B. Evaluation of the rank of the A * matrix
2 1,2 1,2 0.159
3 1,2,3 1,2,3 .0225
4 1,2, 3,4 1,2,3,4 .0125
4 1,2,3,5 1,2,3,4 .0139

probably arises from the similarity in the spectra of the two
dyes, while the comparatively large values of d for the two
4 X 4 submatrices were due to the failure to hold the con-
centration of the two dyes sufficiently constant in all the
experiments.

Acknowledgments.— | wish to acknowledge the
helpful suggestions and criticisms of W. E. Shuler
and also the assistance of J. C. English in inverting
the matrices.
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IN REACTION KINETICS. I

ACTIVATION ENERGY FROM STEADY STATE CONCENTRATION
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A simple, reversible reaction with forward and reverse rate constants k, and ic_i is maintained alternately at temperatures

T'and T".

If the alternation frequency is rapid, a steady state is reached.

The apparent equilibrium constant for these

conditions, K, is then equal to (nki' + ky")/(nk-\ + Kk,_i") where n is the ratio of the times spentat T' and T". By
observing KBas a function of n, the activation energies of the forward and reverse reactions can be evaluated.

Consider a chemical equilibrium
h

. NtlcC + dD + ... (1)
fe-l

aA + 6B +

with forward and reverse rate constants k/ and L /
at the temperature T', and ky" and fc/ at T".
The equilibrium constants at T' and T" are given
by K' = h'/k-y' and K" = ky"/k- | f the tem-
perature is maintained alternately at T' and T" for
times which are long compared with the time re-
quired to approach chemical equilibrium and if
K’ K", the concentrations [A] ,[B], . . . [C],
[D], . . . will change so that the system will be at
equilibrium practically all the time.

If, however, the fluctuation in temperature is
more rapid, the system will be more sluggish in re-
sponding to the change. A very rapid fluctuation
will lead to constant concentrations of reactants
and products (Fig. 1A). These steady-state con-
centrations are easily calculated without consider-
ing the course of the reaction. Suppose for simpli-
city that the rate equations correspond to the terms
in the stoichiometric equation 1, so that dx/di =
U'[A]“[B]6 ... -fc_/[CHD]d ... at T' and
similarly at T". Here the reaction variable x has
the usual meaning.1 Let the system be at T' for
the time interval nAt/(1 + n) and at T" for the in-
terval At/(1 + n), where At is the time of one com-
plete heating and cooling cycle and n is the ratio of
the times spent at T' and T" (Fig. IB).

For a steady state, Ax, the change in x during At,
must be zero

(» + JAz = nfc/AfIAHBI6... - nlc_i'AE[C]c[D]d ...

+ fc"AE[Al«[B]6... - fC.A'AICMDH ... =0 (2)
[Cle[D]i ...  nW + ky"
[A]“[BJ6 . .. s w

K3 is an apparent equilibrium constant for the
steady state. It should be noted that the system is
never at or near equilibrium except momentarily
during the rise and fall of temperature.

Equation 3 shows that a determination of K Bfor
a certain n, together with K' and K", is sufficient
for the calculation of ky'/ky. Paradoxically, the
activation energy, a quantity pertaining to rates,
can thus be obtained from data which are not a
function of time, though time is involved in fixing
the value of n.

More experimental data can be utilized if K, is
measured as a function of n. The expected form of
the function is seen from 3to be (Ks—q)(n + r) —

(1) A. A. Frost and R, G. Pearson,
John Wiley and Sons, Inc., New York, N. Y., 1953, p. 9.

“Kinetics and Mechanism,”

s. Equating coefficients gives q =
K, r = k-y"/k-y and s = (ATE-T - hy'k-1 )/
(&.NH* = K" K"). Thus n + k-y"/k-y' =
{h-y*/k-y'){K" - K")/(Kb- K'), and a plot of n
vs. 1/{Ks — K') has an intercept on the 1/(KB —
K ") axis of k-y'/k-.y, the temperature coefficient of
reaction rate for the reverse reaction. The ratio
ky*/ky is then evaluated from k-y'/k-y', K' and
K"

These relationships have been verified by actual
measurements on a system previously studied in
this Laboratory, the reaction of piperonal and n-
butylamine to form piperonylidene-n-butylamine
and water2

ky'/k-I =

h
ArCH=NCH9+ HD
fc_i

Experimental

Apparatus.— The reaction vessel was a 10" X V." o.d.
stainless steel tube fitted with a screw cap and Teflon gasket.
It was situated inside a larger glass tube through which
water was circulated from either of two large thermostat
baths at 25 and 50°. The circulating pumps in the re-
spective baths were alternately actuated b}r a simple timer
and two-way relay, to give the desired temperature cycle.
The response inside the reaction vessel was checked with a
thermocouple attached to a Sargent recorder, and is shown
(for n = 5and Ai = 1hour) in Fig. 1C and ID. A special
plunger value ensured the return of the water to the proper
bath.

Procedure.—A solution of w-butylamine (~10~3 M),
piperonal (~10-4 M) and water (5.0 M) was prepared in
a 100-ml. volumetric flask at 25°, using reagent grade meth-
anol as the solvent. About 3 ml. of this solution was placed
in each of four reaction tubes, which were capped and placed
in the oscillating temperature apparatus for two days. A
2-ml. sample was then withdrawn from each tube at the
mid-point of a 25° interval, diluted to 10 ml. with meth-
anolic hydrochloric acid, and analyzed spectrophotometri-
cally at 348 miafor Schiff base A1 Because 1M H2D was pres-
ent in the diluted sample, conversion of piperonal to the
acetal was incomplete and necessitated a small correction
for absorption of piperonal at this wave length.

Results

Equilibrium constants for Schiff base formation
were determined at the two temperatures used.
Although the water concentration was practically
constant at 5 M, it was included in the expression
K = [ArCII=NBu][HD ]/ [ArCHO][BuNH,] to
conform with our preceding work.24 The value
obtained at 25°, K" = 3.10 X 10s, is in fair agree-
ment with that found by titration (3.18 X 10s).
At 50°, K = 0.95 X 10s, though the value used in
the calculations was obtained differently as ex-
plained below.

(2) R. L. Hilland T. I. Crowell, 3. Am. Chem. soc., 78, 2284 (1956)-

(3) T. I. Crowell and D. W. Peck, ibid., 75, 1075 (1953).
(4) C.E.Belland T. I. Crowell, J, Org. Chem,, 24, 1159 (1959).

ArCHO + b-C(H)NH!
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The reaction was then studied with oscillating
temperatures as described in the experimental sec-
tion. The reaction and the oscillation rate were
both quite slow; n ranged from O (temperature
constant at 50°) to 7.09 (7.42 minutes at 50°,
52.58 minutes at 25°). The time for one complete
temperature cycle, At, was one hour in every case.
The maximum permissible At for a given variation
from steady-state concentrations can be calculated
from equation 2 if the rate constants are known.

A plot of \/{K' — K¢9) is shown in Fig. 2. The
straight line through the experimental points fol-
lows the equation I/{K' —Kg = 0.478 + 0.0078n.
The n-intercept of —6.14 is multiplied by 1.026 to
correct for the change in concentrations when the
methanol expands at 50°, so that Au/'/fc-i' = 6.30.
The ratio of the forward rate constants, ki'/ki,
is then 6.30 K"/K"; the value 1.15 for K" taken
from the intercept at n = 0 in Fig. 2, was used
rather than the experimentally determined value.
From W*'/h’, the activation energy for the forward
reaction is 6.2 kcal./mole.

By conventional measurement of rate constants
at 0, 25 and 45°, Hill and Crowell found an activa-
tion energy of 6.7 kcal./mole in pure methanol.2
In the present work, a determination of the rate in
methanol containing 5 M H2, at 0.1°, gave /it =
0.85 l./mole min. This together with the 25°
value2yields an activation energy of 6.1 kcal./mole,
in accord with the known accelerating effect of wa-
ter and with the results of the oscillating tempera-
ture method set forth in this paper.

Discussion

Non-square Temperature Oscillations.—The
above treatment has been based on *“square”
time-temperature functions, where the temperature
changes from one fixed value to the other in-
stantaneously, as in Fig. IB. The experimental
work was made to approach these conditions as
closely as possible. It is also instructive, however,
to calculate Ks for cases in which the temperature
varies continually. While it is sufficient in the par-
ticular case of a square oscillation to know the ex-
treme values of the rate constants as in equation 3,
in general the forward and reverse rate constants
must be known as a function of temperature. Then

K, = fc kI(TS0i /7 fc k=I(T)dt

where the integration is carried out over the com-
plete temperature cycle or a suitable portion C of a
symmetrical time-temperature function.

For example, if log fci = 4.806 — 1334 7 and log
k-i = 6.231 — 2799/71 approximating the reaction
studied in this work, the calculated values of Kaare
156 X 103for the square relation E, 1.74 X 103for
the sine curve F and 1.80 X 103for the saw tooth G
(Fig. 1).

A Dual Temperature Flow Analog.— Equation 3
also applies to a system of two connected reaction
vessels where the first, of volume IT, is maintained
at temperature 7/, and the second volume | . at T2
The definition of nis now Vi/TT- A pump and stir-
rers ensure constant concentration of all compo-
nents throughout the system (neglecting concentra-
tion changes due to thermal expansion).

Oscillating Temperatures in Reaction Kinetics
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Fig. 2—Plot of 103/(K3 — Ks) as a function of n.

Applications.—The oscillating  temperature
method will not supplant conventional rate studies,
for it is less direct and yields heats but not entropies
of activation. Possibly it would be useful in certain
systems for which steady-state measurements are
much easier than rate measurements.

The most interesting application, however, seems
to be the detection of equilibria in complex reac-
tions, such as

A+ B C — D
k-i
In the commonly encountered case where k2 <<
Ai < A'l, the reaction rate is

dx/dt = (fciW&-i)(a —x)(b — x) (4)
Carried out at a temperature which varies but not

rapidly enough to preclude virtual equilibrium be-
tween A, B and C, the rate would still be given
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by equation 4, where the K'S are functions of T.
With not too rapid an oscillating temperature cycle
(Fig. IB), equation 4 reduces to
& ff n \hW ( 1 \k"hH-\
dt N\n + 1/ fc,' + \n+ 1) fc_"J
(@a- x)(b - x) (5)

However, if the oscillation frequency is so high
that a steady state is reached in the concentrations
of A, B and C with respect to the changing tempera-
ture, the rate will be ax/dt = KJcAT)(@ —x)(b —x)
at all times, and over the period At will be

dx _ / nwW

di \L4n Frrv)@- e x) ©
Since in general, (5) is not equal to (6), a complex re-
action would show a different rate at oscillating
temperatures than calculated from the isothermal
rates at T' and T". Whether the difference is ex-
perimentally detectable remains to be seen.

Howard E. Flotow and Harold R. Lohr
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The method would be somewhat similar in principle
to the rotating sector method for photochemical
chain reactions5in that a periodic impulse—here a
thermal one—is given to the reaction. The use of
varying temperatures also bears some similarity, to
existing methods for the calculation of activation
energies from non-isothermal rates6 and of inte-
grated rates from experiments made under non-iso-
tbermal conditions.7

Acknowledgment.—1 am indebted to the Na-
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(5) H. W. Melville and G. M. Burnett, “Technique of Organic
Chemistry,” (A. Weissberger, Ed.), Interscience Publishers, Inc., New
York, N. Y., 1953, Vol. VIII, p. 138.

(6) H.J.Borchardt and F. Daniels, J. Am. Chem. S 0 ¢ 79, 41 (1957);
K. S. Vorres and L. Eyring, Abstracts of Papers, 136th A.C.S. Meeting,
Atlantic City, p. 45S.

(7) J. B. Malloy and H. S. Seelig, A.T.Ch.E. Jour., 528 (1955); E.
Baum, 7 s 63, 1704 (1959).
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The heat capacity of uranium metal containing less than 0.01% impurities was measured from 5 to 350°K.
data the entropy, enthalpy and free energy function were calculated.

From these
The values of Cp, 5°, (H° — Ho0) and (F° — H™N)/T

at 298.15°K. are 6.612 + 6.013 cal. deg.-1 mole-1, 12.00 + 0.02 cal. deg.-1 mole-1, 1521 + 3cal. mole-1and —6.893 + 0.014

cal. deg.-1 mole-1, respectively.

Introduction

The heat capacity of a-uranium has been previ-
ously reported by Smith and Wolcott2in the range 1
to 20°K., by Jones, Gordon and Long3in the range
15 to 300°K., by Clusius and Piesbergensin the
range 10°K. to room temperature, by Moore and
Kelley6 and by Ginnings and Corruccini6 in the
range 298 to 935°K. Recently, uranium metal
which contained substantially lesser amounts of
impurities than the metal used in previous investi-
gations became available at this Laboratory. This
paper reports a determination of the heat capacity
of this high purity a-uranium from 5 to 350°K. and
a calculation of the entropy, enthalpy and free en-
ergy function. Also, these results are compared
with those of Smith and Wolcott and with those of
Jones, Gordon and Long.

Experimental

Uranium Sample.— The wuranium metal used for this
experiment was prepared by the Metallurgical Division of

(1) Based on work performed under the auspices of the U. S. Atomic
Energy Commission.

(2) P. L. Smith and N. M. Wolcott, "Conference de Physique
des Basses Temperatures,” Paris, 2-8 Sept., 1955, Annexe 1955-3,
Supplément au Bulletin de ITnstitut International du Froid, pp. 283-
286.

(3) W. M. Jones, J. Gordon and E. A. Long, J. Chem. Phys., 20, 695
(1952).

(4) K. ClusiuB and U. Piesbergen, Helv. Phys. Acta, 31, 302 (1958).

(5) G. E. Moore and K. K. Kelley, 3. Am. Chem. Soc., ss. 2105
(1947).

(6) O. C. Ginnings and R. J. Corruccini, J. Research Natl. Bur.
Standards, ss. 309 (1947).

The results are compared with previously published data.

this Laboratory7by the electrolysis of UF4in a fused mixture
of KC1 and LiCl. The crystals obtained in this process
were vacuum cast into billets which were then swaged into
rods 0.3 cm. in diameter. This uranium metal was later
converted to the uranium hydride sample for which heat
capacity measurements already have been published.8
Spectroscopic analyses of the billet from which the sample
was taken showed the presence of the following impurities
in parts per million: Al, 5; Cr, 2; Cu, 1; Fe, 2; Mg,
1; Si, 12; all other elements were below the limits of
spectroscopic detection. Chemical analyses detected the
following elements in parts per million: C, 18; N, 5; O,
15. On the basis of the analyses it was concluded that the
sample contained less than 0.01% impurities. Prior to
loading the sample into the calorimeter the uranium was
annealed at 600-650° for 0.5 hour in vacuo and then cooled
slowly to room temperature. The mass of the sample was
106.3102 g. The calorimeter contained 1.20 X 10-3
mole of helium to facilitate the establishment of tempera-
ture equilibrium.

Apparatus and Technique.— The calorimetric measure-
ments were made using the apparatus and adiabatic method
which already have been described in detail.89 A capsule
type platinum resistance thermometer (Laboratory designa-
tion A-l) was used to determine the temperature of the
calorimeter. The thermcmeter was calibrated on the
temperature scale of the National Bureau of Standardsi
from 14 to 373°K. Below 14°K., the scale was obtained
by fitting the equation R = A + BT1+ CThto the resist-
ance at the boiling point of helium, at 14°K. and to dR/dT

(7) B. Blumenthal and R. A. Noland, "Progress in Nuclear Energy,"
Vol. I, Pergamon Press, New York, N. Y., 1956, Series V, pp. 62-80,

(8) H. E. Flotow, H. R. Lohr, B. M. Abraham and D. W. Osborne,
J. Am. Chem. Soc., s1. 3529 (1959).

(9) E. F. Westrum, Jr., J. B. Hatcher and D. W. Osborne, J. Chem.
Phys., 21, 419 (1953).

(10) H. J. Hoge and F. G Brickwedde, J. Research Natl. Bur.
Standards. 22, 351 (1939).
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at 14°K. A slight correction was applied to the calibration
to make the ice point equal to 273.15°K. It is estimated
that the scale agrees with the thermodynamic scale within
0.1° from 4-14°K., within 0.03° from 14-90°K. and
within 0.05° from 90-373 °K.

Results and Discussion

Heat Capacity Results.—The experimental
values of the heat capacity are presented in
chronological sequence in Table I. The data are
expressed in terms of the defined thermochemical
calorie equal to 4.1840 absolute joules. A small
correction for the finite temperature interval was
made by adding —(dZXp/ dT2 (AT)224 to the meas-
ured heat capacity. Approximate temperature
increments of the individual measurements can be
calculated from the differences between the suc-
cessive mean temperatures within a series. The
heat capacities at selected temperatures given in
Table Il were read from a large scale smooth curve
through the experimental points. It is estimated
that the heat capacity values given in Tables | and
Il have a probable error of 5% at 5°K., 1% at
14°K., and 0.2% above 30°K.

Table |
Heat Capacity of Uranium Metal in Cal. Deg.
Mole -
Mol. wt. = 238.07; 0° = 273.15°K.

T. °K. Cp T, °K. Cp
Series | Series 111
300.104 6.614 49.520 3.727
307.465 6.648 54.470 3.963
317.478 6.700 59.986 4.209
327.514 6.745 66.134 4.463
337.489 6.790 73.049 4.691
347.549 6.827 80.640 4.916

) 88.873 5.118

Series 11 98.141 5.281
5.703 0.027 108.041 5.428
7.204 .038 118.131 5.561
8.906 .060 128.225 5.675
10.784 .105 138.123 5.772
12.644 176 147.980 5.856
14.648 .287 157.765 5.925
16.653 426 167.755 5.994
18.645 597 177.804 6.056
20.662 799 186.311 6.101
22.682 1.029 196.331 6.155
24.927 1.304 206.324 6.202
27.490 1.624 216.322 6.250
30.297 1.972 226.307 6.309
33.432 2.360 236.222 6.342
36.911 2.762 246.154 6.389
40.832 3.154 256.120 6.429
45.148 3.486 266.096 6.467
49.741 3.744 278.483 6.529
285.104 6.556

294.998 6.611

304.950 6.639

314.904 6.678

A comparison of these heat capacities with those
previously reported by Jones, Gordon and Long3
show that between 15 and 50°lv. the heat capacity
values of the two investigations agree within £0.13
cal. deg.-1 mole-1 and that between 50 and 300°K.
the values of Jones, Gordon and Long are on the

Heat Capacity and Thermodynamic Functions of Uranium
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Table Il

Thermodynamic Properties of Uranium Metal at Se-

lected Temperatures

(F>- Ho\
Cp, S° \ T

T, cal. cﬁeg.-l cal. cleg.-1 — Hoo, cal. deg.“i
°K. mole-1 mole”1 cal. mole-1 mole®1
5 0.020 0.015 0.042 0.007
10 .084 .044 0.26 .018
15 .308 113 1.16 .035
20 727 .255 3.67 .071
25 1.312 478 8.73 128
30 1.934 772 16.84 .210
35 2.546 1.117 28.06 .315
40 3.078 1.492 42.16 437
45 3.476 1.879 58.59 576
50 3.754 2.261 76.70 726
60 4.212 2.986 116.58 1.042
70 4.593 3.666 160.69 1.370
80 4.899 4.299 208.18 1.696
90 5.138 4.891 258.44 2.019
100 5.315 5.442 310.74 2.334
110 5.458 5.955 364.61 2.639
120 5.583 6.436 419.82 2.937
130 5.694 6.887 476.21 3.223
140 5.789 7.313 533.63 3.500
150 5.871 7.715 591.94 3.768
160 5.942 8.096 651.01 4.026
170 6.009 8.458 710.77 4.276
180 6.067 8.803 771.15 4.518
190 6 121 9.133 832.10 4.753
200 6.173 9.448 893.57 4.979
210 6.222 9.751 955.54 5.200
220 6.270 10.041 1018.0 5.413
230 6.316 10.321 1080.9 5.620
240 6.360 10.591 1144.3 5.822
250 6.404 10.851 1208.1 6.017
260 6.445 11.103 1272.4 6.208
270 6.486 11.347 1337.0 6.394
280 6.530 11.584 1402.1 6.575
290 6 574 11.814 1467.6 6.752
300 6.619 12.037 1533.6 6.924
310 6.664 12.247 1600.0 7.093
320 6.709 12.459 1666.9 7.257
330 6.754 12.666 1734.2 7.418
340 6.799 12.869 1801.9 7.576
350 6.842 13.066 1870.2 7.730
273.15 6.499 11.42 1358 6.452
298.15 6.612 12.00 1521 6.893
+0.013 +0.02 +3 +0.014

average 0.032 cal. deg.-1 mole-1 higher than those
of the present investigation. Since the uranium
specimen used by Jones, Gordon and Long3 was
reported to be only 99.7% uranium, it is likely that
a significant fraction of this disparity is due to
chemical and physical differences in the samples.

Clusius and Piesbergen report in a brief paper4
that they have measured the heat capacity of ura-
nium between 10°K. and room temperature. A
comparison with their results cannot be made until
a more detailed publication of their data is avail-
able.

In the region 5 to 20°K. a comparison can be
made with the data of Smith and Wolcott.2-11
From a smooth curve drawn through one of their

(11) W. M. Wolcott, private communication.
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most reliable runs the values of the heat capacities
at 5,10,15 and 20°K. were found to be 0.020, 0.100,
0.328 and 0.760 cal. deg.-1 mole-1, respectively.
A comparison of these values with those in Table 11
shows that the values of the heat capacities are
identical at 5°K. but that the values diverge at
higher temperatures, the results of Smith and Wol-
cott2 being substantially higher than those of this
investigation. The reason for the disagreement is
not known.

Thermodynamic Functions.—The thermody-
namic functions derived from the heat capacity are
shown in Table Il at selected temperatures. The
heat capacity values reported by Smith and Wol-
cott2 were used to evaluate the entropy and en-

D. W. Scott, W. T. Berg and J. P. McCullough

Vol. 64

thalpy from 0 to 5°K. The value of the entropy at
298.15°K. reported in Table Il, 12.00 + 0.02 cal.
deg.-1 mole-1, agrees within experimental error
with the value published by Jones, Gordon and
Long,3 12.03 = 0.03 cal. deg.-1 mole-1. Jones,
Gordon and Long did not report a value of the
enthalpy of uranium at 298.15°K. However,
using their heat capacity data we calculate that
#2815 ~ # o° is 1526 + 3 cal. mole-1 which agrees
well with the value 1521 + 3 cal. mole-1 given
in Table II.

Acknowledgments.—We thank Dr. D. W. Os-
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and helpful discussions.
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Thermodynamic functions were calculated for methylcyclopentane by methods of statistical mechanics and for I-cfs-3-

dimethylcyclopentane by a refined method of increments.
formation also were calculated for both substances.

Thermodynamic functions of methylcyclopen-
tane and the isomeric dimethylcyclopentanes were
calculated previously by approximate incremental
methods by staff members of American Petroleum
Institute Research Project 44.12 More recently
the vapor capacities of methylcyclopentane and 1-
cfs-3-dimethylcyclopentane3 were determined in
this Laboratory.4 The experimental values of
vapor heat capacity, in addition to the experimen-
tal values of entropy (ref. 4) that were available to
the earlier workers, made possible more accurate
calculations of the thermodynamic functions of
methylcyclopentane by methods of statistical me-
chanics and of 1-cfs-3-dimethylcyclopentane by a
refined method of increments. These calculations
are described herein.

Thermodynamic Functions of Methylcyclopen-
tane.5—The 54 degrees of freedom of the methyl-
cyclopentane molecule may be classified as 3 trans-
lations, 3 over-all rotations, 46 vibrations, one in-

ternal rotation of the methyl group, and one
pseudo-rotation of the 5-membered ring. The
contributions of translation and over-all rotation

to the thermodynamic functions were calculated
by standard formulas. In the simplified model

(1) J. E. Kilpatrick, Il. G. Werner, C. W. Beckett, K. S. Pitzer and
F. D. Rossini, 3. Research Natl. Bur. Standards, 39, 523 (1947).

(2) M. B. Epstein, G. M. Barrow, K. S. Pitzer and F. D. Rossini,
ibid., 43, 245 (1949).

(3) I-cis-3-Dimethyleyclopentane is the lower boiling (90.77°)
isomer of 1,3-dimethylcyclopentane. This isomer was incorrectly
labeled l-irans-3-dimethylcyclopentane in literature before 1955.
See F. D. Rossini and Kun Li, science, 122, 513 (1955).

(4) J. P. McCullough, R. E. Pennington, J. C. Smith, I. A. Hossen-
lopp and Guy Waddington, J. Am. chem. soc., 81, 5880 (1959).

(5) The gas constant is taken to be 1.98719 cal. deg.-1 mole-1 and
the atomic weights of carbon and hydrogen are taken to be 12.010 and
1.0080.

Values of the heat, free energy and equilibrium constant, of

used for calculating moments of inertia, the ring was
planar, and the bond distances and angles were:
C-C, 154 A.; C-H, 109 A.; C-C-C(ring), 108°;
H-C-H(methylene), H-C(ring)-C(methyl) and all
methyl group angles, 109° 28'. For this model, the
product of principal moments of inertia is 1.438 X
10—13g.3cm.6 and the reduced moment of inertia
for internal rotation of the methyl group is 5.155 X
10-40 g. cm.2 Corresponding values for the actual
molecule with a slightly puckered ring cannot dif-
fer much from the foregoing values.

The set of fundamental vibrational frequencies
listed in Table | was selected after consideration
of all available Raman and infrared spectral data6
and comparison with the frequencies of cyclopen-
tane, other monosubstituted cyclopentanes and re-
lated heterocyclic compounds. The descriptive
names for the modes of vibration are somewhat
schematic and are intended merely to show that the
expected number of frequencies are assigned in the
several regions of the spectrum. The two lowest
frequencies, for ring puckering and a CH3C-C
bending mode, are assigned to the doublet 307-320
cm.-1 reported in the Raman spectrum by Bazhu-

(6) Raman:
Z. physik. chem., B32, 229 (1936*; E. J. Rosenbaum and H. F. Jacob-
son, J. Am. Chem. soc., 63, 2841 (1941); P. A. Bazhulin, Kh. E. Sterin,
T. F. Bulanova, O. P. Solovava, M. B. Turova-Pollak and B. A.
KazanskKij, 1zvest. Akad. NaukS. S.S. R. Otdel. Khim. Nauk, 7 (1946);
APIRP 44 at the Carnegie Inst, of Tech., Catalog of Raman Spectral
Data, Serial No. 159. Infrared: P. Lambert, and J. Lecomte, Ann
phys., 10, 503 (1938); D. B~rcS-GSlateanu, Bull. soc. roumaine phys.,
38, 109 (1938); E. K. Plyler, 3. optical soc. Am., 37, 746 (1947); E. K.
Piyler, R. Stair and C. J. Humphreys, J. Research Natl. Bur. Standards,
38, 211 (1947); APIRP 44 at the Carnegie Inst, of Tech., Catalog of
Infrared Spectral Data, Serial Ncs. 14, 15, 255, 344, 510, 511, 597, 616.
and 1556; F. F. Bentley and E. 7. Wolforth, WADC TR 58-198, May
1958; A. Cornu, Bull. soc. chim. France, 721 (1959).

K. W. F. Kohlrajsch, A. W. Reitz and W. Stockmair,
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lin, et al. However, other Raman investigations,
as well as the infrared spectrum, indicate only a
single frequency in that range. If there is only a
single frequency at about 315 cm.-1, another fre-
quency, unobserved in the Raman spectrum, could
occiir in the range below 285 cm.-1, where the in-
frared spectrum has not been observed.

Table |

Fundamental Vibrational Frequencies of Methyl-

cyclopentane, Cm.-1"

Skeletal bending 307, 320, 429, 534, 593

C-C stretching 891, 901, 979(2), 1000, 1134
CH2rocking 780, 845, 1012, 1195

CHo wagging 1024(2), 1225, 1305
CH2twisting 1087, 1140, 1276, 1317

CH wagging 1294, 1352

CH2rocking (891), (1087)

CH3and CH2bending 1380, 1436(2), 1453(2), 1477(2)

C-H stretching
“ Parentheses indicate

2930(12)
multiple weights or frequencies

Chemical Thermodynamic Properties of Methylcyclopentane
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methyl rotation is somewhat smaller than expected
from the value in the related molecule 2-methylpro-
pane (3600 cal. mole-1)8; differences in molecular
geometry may account for this difference, if real.

The calculated values of the thermodynamic
functions of methylcyclopentane are listed in col-
umns 2-6 of Table 11.9 Comparison with experi-
mental results is shown in Table IV.

Thermodynamic Functions of 1-ci.s-3-Dimethyl-
cyclopentane.—Thermodynamic functions of 1-
cfs-3-dimethylcyclopentane were calculated by a
refined method of increments. 0 The formulas used
were

Cp° = Cp° (methylcyclopentane) + Cp°(CHj) + 0.81
S° = S°(methylcyclopentane) + /S°(CHi) + 081 In T —
7.60

(H° - H°0) = (H° - He°o)(methylcyclopentane) + (H° -

R°0)(CH2 + 0.81T

In these formulas, CP°(CHY, <S°(CH2 and (11° -
H\)/ (CH2 are the methylene increments of Person

used a second time. and Pimentelll for the indicated functions. These
Table Il
The Molal Thermodynamic Properties of Methylcyclopentane"
(F° - (Ff° - ff" - Heo s°, cP, AH, « AFfe,b

T. °K. cal. deg. 1 cal. deg.-1 keal. cal. deg. cal. deg. 1 keal. keal. log Kk fb

0 0 0 0 0 0 -16.52 -16.52 Infinite
273.15 -64.23 14.80 4.044 79.03 23.87 -24.81 +5.73 - 4.59
298.15 -65.56 15.66 4.670 81.22 26.24 -25.50 8.55 - 6.27
300 -65.65 15.73 4.719 81.38 26.42 -25.55 8.76 - 6.38
400 -70.70 19.62 7.850 90.32 36.16 -28.07 20.59 -11.25
500 -75.53 23.83 11.92 99.36 44.96 -30.10 33.01 -14.43
600 -80.24 27.99 16.80 108.23 52.36 -31.69 45.78 -16.68
700 -84.85 31.93 22.35 116.78 58.56 -32.89 58.80 -18.36
800 -89.36 35.59 28.48 124.95 63.80 —33.76 71.95 -19.66
900 -93.75 38.98 35.08 132.73 68.27 -34.34 85.21 -20.69
1000 -98.02 42.11 42.11 140.13 72.10 -34.66 98.51 -21.53
1100 -102.18 44.98 49.48 147.16 75.39 -34.76 111.82 -22.22
1200 -106.21 47.64 57.17 153.85 78.23 -34.70 125.13 -22.79
1300 -110.12 50.09 65.12 160.21 80.67 -34.52 138.44 -23.27
1400 -113.91 52.35 73.29 166.26 82.79 -34.25 151.74 -23.69
1500 -117.60 54.44 81.66 172.04 84.63 -33.90 165.02 -24.04

0 To retain internal consistency, some values are given to one more decimal place than is justified by the absolute accuracy.

For the reaction 6C(c, graphite) + 6H2g) = C&HiZXg).

Values of three molecular-structure parameters
were selected to fit the experimental calorimetric
data: the height of the potential barrier restrict-
ing internal rotation of the methyl group, 3000 cal.
mole-1; the height of the potential barrier restrict-
ing pseudo-rotation of the 5-membered ring, 750
cal. mole-1; and the effective moment of inertia for
pseudo-rotation, 18.0 X 10-40 g. cm.2 Effects of
vibrational anharmonicity were neglected. The
values given for the three molecular-structure pa-
rameters are somewhat uncertain because of neglect
of anharmonicity as well as uncertainties in the
moments of inertia and vibrational frequencies.
Nevertheless, these values are reasonable in terms
of present knowledge of the structure of related
molecules. In particular, the height of the poten-
tial barrier to pseudo-rotation agrees well with the
value, 900 cal. mole-1, calculated by Pitzer and
Donath7 from considerations of differences in tor-
sional strain energy. The barrier height for the

(7) K. S. Pitzer and W. E. Donath, J. Am. Chem. Soc., 81, 3213
(1969).

increments are strictly for normal paraffins above
n-heptane; their use in the foregoing formulas is
justified only by the good empirical fit to the
experimental calorimetric data over a wide range
of temperatures. [No advantage could be gained
by use of less empirical but more complicated
formulas like

Cp°® = 2Cp°(methylcyclopentane) — Cp°(cyclopentane) +
[corn, for restricted pseudorotationj + [constant]

where the term “correction for restricted pseudoro-
tation” is necessary because pseudorotation is re-
stricted in the substituted compounds but not in cy-

(8) K. S. Pitzer and J. E. Kilpatrick, Chem. Revs., 39, 435 (1946).

(9) The vibrational contributions were computed at the Bureau of
Mines Computation Laboratory, Pittsburgh, Pa.; the contributions
of internal rotation and restricted pseudo-rotation were computed at
Southwestern Computing Service, Denver, Colo., by two-way curvi-
linear interpolation in the tables of K. S. Pitzer and W. D. Gwinn, J.
Chem. Phys., 10, 428 (1942).

(10) D. W. Scott, H. L. Finke, J. P, McCullough, J. F. Messerly,
R. E. Pennington, 1. A. Hossenlopp and G. Waddington, J. Am. Chem,
Soc., 79, 1062 (1957).

(11) W. B. Person and G, C. Pimentel, ibid., 75, 532 (1953),
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Table Il
The Molal Thermodynamic Properties of l-cis-3-Dimethylcyclopentane”
T, °K ® cal. c|i_t|ag?.)/ir’ (ff cal. d|¢_e|;(.))/1T’ H keal. cal.sdég. 1 cal(.:aég. 1 Akcal. AkFc/aol’.6 log Kfb
0 0 0 0 0 0 -22.48 -22.48 Infinite
273.15 -66.05 18.77 5.126 84.82 29.79 -31.75 + 5.90 - 472
298.15 -67.74 19.80 5.904 87.54 32.52 -32.50 9.38 - 6.87
300 -67.86 19.88 5.965 87.74 32.72 -32.56 9.64 - 7.02
400 -74.20 24.50 9.799 98.70 43.91 -35.32 24.13 -13.18
500 -80.19 29.42 14.71 109.61 m 54.01 -37.52 39.26 -17.16
600 -85.98 34.24 20.54 120.22 62.51 -39.23 54.79 -19.96
700 -91.61 38.81 27.16 130.41 69.65 -40.49 70.56 -22.03
800 -97.07 43.05 34.44 140.12 75.68 -41.38 86.48 -23.62
900 -102.37 46.97 42.27 149.34 80.83 -41.93 102.51 -24.89
1000 -107.51 50.58 50.58 158.09 85.24 -42.18 118.58 -25.91
1100 -112.49 53.91 59.30 166.40 89.04 -42.20 134.64 -26.75
1200 -117.32 56.98 68.37 174.30 92.31 -42.01 150.69 -27.44
1300 -121.99 59.81 77.75 181.80 95.14 -41.70 166.73 -28.03
1400 -126.52 62.42 87.39 188.94 97.58 -41.28 182.76 -28.53
1500 -130.92 64.83 97.25 195.75 99.71 -40.78 198.75 -28.96
° To retain internal consistency, some values are given to one more decimal place than is justified by the absolute ac-
curacy. kFor the reaction 7C(c, graphite) + 7HZg) = CMi4qg).
Table IV are listed in columns 2-6 of Table IlIl. Compari-

Observed and Calculated Values of Entropy and

Heat Capacity for the Vapor State”

ntropy, Heat capacity,

— s°,, cal. deg.-1'mole-1------ > e Cp°, cal. deg.-1 mole-1--—----
T, °K. Obsd. Caled. T, °K. Obsd. Calcd.
Methylcyclopentane
304.09 81.76 81.74 333.20 29.70 29.66
325.98 83.69 83.69 362.55 32.55 32.55
344.97 85.36 85.38 402.35 36.36 36.39

436.25 39.49 39.52
471.05 42.58 42.57
1-cis-3-Dimethylcyclopentane
322.62 90.20 90.21 352.20 38.63 38.63
341.82 92.31 92.31 375.20 41.16 41.20
363.93 94.76 94.74 415.20 45.54 45.54
455.20 49.65 49.67
500.20 54.04 54.03

° See ref. 4 for the source of the observed values.

clopentane itself.] The constants, 0.81 and —7.60
cal. deg.-1 mole-1, in the formulas actually used,
were selected to fit the experimental values of heat
capacity and entropy, respectively. Omission of
an integration constant in the expression for (H® —
H~°o) is justified in ref. 10. The calculated values

son with experimental results is shown in Table IV.

Heat, Free Energy and Equilibrium Constant of
Formation.—Values reported for the standard
heat of formation of liquid methylcyclopentane
and I-cfs-3-dimethylcyclopentane at 25° are —33.08
and —40.68 kcal. moie-1.1213

From the data of ref. 4, values of the standard heat
of vaporization at 25° are calculated to be 7.58 and
8.18 kcal. mole-1. Values of the standard heat of
formation of the gaseous substances at 25° are
then —25.50 and —32.50 kcal. mole-1. These
results and the thermodynamic functions of the
two compounds, C(c, graphite)4and H2(g)4 were
used to calculate the values of AHf°, AFf° and log
K fin columns 7-9 of Tables Il and I11.

The values of thermodynamic properties in
Tables Il and 111 do not differ seriously from those
of ref. 1and 2; however, they are more reliable be-
cause they are based on accurate experimental val-
ues of the vapor heat capacity.

(12) E. J. Prosen, W. H. Johnson and F. D. Rossini, J. Research
Natl. Bur. Standards, 37, 51 (1046).

(13) W. H. Johnson, E. J. Prosen and F. D. Rossini, ibid., 42, 251
(1949).

(14) D. D. Wagman, J. E. Kilpatrick, W. J. Taylor, K. S. Pit.zer and
F. D. Rossini, ibid, 34, 143 (1915).
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THE MERCURY-MERCURIC CHLORIDE SYSTEM1

By S. J. Yosim and S. W. Mayer

Atomics International, A Division of North American Aviation, Inc., Canoga Park, California
Received February 8, 1960

A phase equilibrium study of the mercury-mercuric chloride system has been carried out by thermal analysis and by the

visual method.
tends from 48 to 94 mole % Hg.

The salt-rich eutectic composition is 4.9 mole % Hg and occurs at 273°.
The solubility of HgCh in Hg increases to 6.8 mole % at 560°.

The syntectic line at 525° ex-
Freezing point depression

measurements for HgCI2 suggest that Hg dissolves either as atoms or as Hg2ZCI2 molecules formed by reaction of Hg with

HgClj.

A thermodynamic analysis of the liquid-solid equilibrium curve between the salt-rich eutectic and the base of the

miscibility gap suggests that solution of Hg as atoms is not likely in this region.

Introduction

Although there have been many investigations of
the interaction of mercury with HgCI2 and of the
properties of the reaction product HgZCI2 relatively
little research has been carried out to determine
the phase diagram of the Hg-HgCI2 system. The
freezing point depression of HgCI2by calomel, up to
1.2 mole %, was determined by Beckmann.2 Ruff
and Schneider,3 in a series of exploratory experi-
ments, determined approximate melting tem-
peratures of Hg2ZCI2HgCI12 mixtures equivalent in
composition to 25-45 mole % mercury dissolved in
HgCl2 Smith and Menzies,4in their studies of the
constitution of calomel vapor, measured the solu-
bility of HgZCI2 in mercury from 250 to 400°. In
order to obtain a more extensive phase diagram of
this system, a series of phase equilibria measure-
ments therefore was carried out.

Experimental

A. Materials.—Reagent grade HgCI2 and Hg.Cb, dried
under vacuum at 110° for 24 hours, and triple-distilled
mercury were used.

B. Apparatus and Procedure.—Two techniques were used
in this work, thermal analysis and the visual method. For
freezing point determinations by thermal analysis, the
salts were contained in a sealed 18 mm. Pyrex or Vycor
tube which had a thin-walled thermocouple well sealed into
the bottom of the tube. Temperatures were measured
with a calibrated ehromel-alumel thermocouple, using a
Rubicon B potentiometer. The cold junction of the
thermocouple was maintained in an oil-filled tube, placed in
a distilled water-ice-bath. The sample was heated in a
furnace which was automatically controlled by a regulator-
pyrometer operating through a variable transformer.

Because the high vapor pressures of HgClaand Hg above
390° could lead to explosions of the tubes containing the
samples, a stainless steel pressure vessel was used to hold
the quartz tubes for thermal arrest measurements on
samples in the 15.9-85.0 mole % Hg range. In the pres-
sure vessel, external pressures as high as 50 atmospheres of
nitrogen were applied to the sample tubes. Thermal
arrest measurements were not made above 600° since that
was considered to be the safety limit of the pressure vessel.

For solubility determinations by the visual method, the
mixture of salt and metal was placed in a thick-walled
quartz tube and sealed under vacuum. The tube then was
fastened to a nickel rod and suspended in a Marshall furnace,
equipped with two sight windows opposite one another.
The tube was illuminated from the rear and from a third
window at one side. A ehromel-alumel thermocouple
fastened to the tube was employed for measurement of
temperature. The furnace was mounted on a metal base
which was provided with a rocking mechanism. In this
way the entire system could be inverted frequently to en-

(1) This work was supported by the Research Division of the
Atomic Energy Commission.

(2) E. Beckmann, z. anorg. Chem., 55, 175 (1907).

(3) O. Ruff and R. Schneider, zZ. anorg. allgem. Chem.,
(1928).

(4) A. Smith and A. Menzies, 3. Am. Chem. Soc., 32, 1541 (1910).

170, 42

sure adequate surface contact of the two phases. The
sample was heated until the second condensed phase com-
pletely disappeared. The solution process was found in all
cases to be reversible with temperature.

Results

Figure 1 shows the phase diagram of the Hg-HgClI2
system under its own pressure. Mercuric chloride
was found to freeze at 279.5° compared with the
literature value of 277°.6 The salt-rich eutectic
temperature was 273° and the eutectic composition
was 4.9 mole % Hg. The curve between the salt-
rich eutectic and the base of the miscibility gap is
in sharp disagreement with that of Ruff and Schnei-
der.3 However, in their admittedly exploratory
work, the liquidus temperatures were determined
by heating and were defined as temperatures at
which mixtures formed droplets. These tempera-
tures are therefore likely to be considerably lower
than those reported here. The syntectic tem-
perature, or that temperature at which Hg2C12forms
two liquid phases, was found to be 525°, in good
agreement with Ruff and Schneider's value of
522°. The fact that the syntectic line extends to
compositions less than 50 mole % Hg suggests that
some disproportionation of HgZCI2 takes place on
liguefying at the syntectic temperature.

Visual observations of the salt-rich region
showed an interesting behavior. As mercury or
HgZXCI2 is added in increasing concentrations to
HgClI2 which is almost colorless, the solution be-
comes yellow, red and eventually black. As a
given solution containing Hg or HgZXCI2 is heated
the same darkening in color, which is reversible,
takes place.6

The solubility of the salt in the metal rises from
0.2 mole % HgCI2(or HgZCI2 at 280° to 6.8 mole %
HgCI2 (7.13 mole % HQZCI) at 555°. The solu-
bilities measured by Smith and Menzies4 are in
good agreement with these values.

Discussion

The HgCl2liquidus and the liquid-solid equilib-
rium curve between the salt-rich eutectic and the
base of the miscibility gap were examined in
order to see whether information on the mecha-
nism of solution of Hg in HgCIl2could be obtained.
The mechanisms which can be considered for the
solution of Hg in HgCIl2fall into two classes. The

(5) L. Brewer, “The Chemistry and Metallurgy of Miscellaneous
Materials— Thermodynamics,” L. L. Quill, Ed., NNES 1V-19B, Mc-
Graw-Hill Book Co., New York, N. Y., 1950.

(6) For example, an HgCh solution containing 10% Hg was yellow
at 415°, orange at 465°, red at 510° and dark transparent red at 535°
while a more concentrated solution, 25 mole % Hg, was very dark red
and barely transparent at 415° and black at 467°.
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MOLE PERCENT Hg_

Fig. 1.—The mercury-mercuric chloride system. Circles
denote the results obtained by thermal analysis. Data
obtained by the visual technique are represented by the tri-
angles. Smith and Menzies' results4 are denoted by the
squares, and the cross-hatched line summarizes the work of
Ruff and Schneider.3

first is solution as Hg atoms, dimers or higher poly-
mers and the second is solution by reaction of Hg
with HgCI2 to form the lower-valent compound,
mercurous chloride. (The fact that solid HgZCI2is
stable with respect to its disproportionation prod-
ucts in the pure state does not prove its existence in
the liquid solution).

In the case of the HgClI2liquidus the cryoscopic
number, the apparent number of particles formed
in molten HgCI2 per molecule of solute, was calcu-
lated from the Raoult-van’t Hoff equation.7 The
calorimetric value of the heat of fusion of HgCI2
4640 + 50 cal./mole,8was used for this calculation.
The cryoscopic number w'es found to be 1.17 +
0.03 (Table 1). The discrepancy between this
value and unity may be due to deviations of the
solvent from ideality or to the fact that two or more
processes of solution are taking place. The cry-
oscopic number of about unity indicates that Hg

Table |
Freezing Point Depressions in Molten Mercuric
Chloride
Solute, Cryoscopic

Solute mole % AT, °C. no.
Hg 0.69 1.05 1 16
Hg 1.09 1.73 1.21
Hg 2.15 3.31 1.17
Hg 3.16 5.04 1.22
Hg 4.27 6.34 1.13
Hg 4.85 7.04 1.11
Hg2Cl2 0.87 1.32 1.16
Hg2Cl2 1.37 2.14 1.19
Hg2Cl2 2.50 3.90 1.19
Hg2Cl2 3.41 4.99 1.12
Hg2Cl2 4.76 6.78 1.09

does not dissolve in molten HgCI2predominantly as
a metal polymer or as HgCl. There are two
(7) S. W. Mayer, S. J, Yosim and L. E. Topol, T his Journal, 64,

238 (1960).
(8) L. 15 Topol and L. D. Hansom, ibid., in press.

S.J. Yosim and S. W. M ayer
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mechanisms of solution which yield a cryoscopic
number of unity. These are solution of mercury as
atoms or solution by reaction to form HgCI2 If
the latter mechanism takes place, the HgZXCI2 is
presumably un-ionized since the addition of smpll
amounts of Hg2ZCI2 to HgCl2 does not increase the
electrical conductivity of the latter.9 Molten HgCI2
has the relatively low specific conductance®D of 8
X 10-6 ohms-1 cm.-1 which suggests that its chlo-
ride ion concentration is correspondingly low.

It can be seen from Table | that mercurous
chloride solute also has a cryoscopic humber of
about unity. As in the case of Hg, solution of mer-
curous chloride as the un-ionized HgZCI2 or by dis-
proportionation to form Hg plus HgCl2are mecha-
nisms which are consistent with a cryoscopic num-
ber of one. The above evidence plus the visual ob-
servations of similar color changes suggest that the
resulting solutions formed by dissolving Hg or
HgZCI2 are identical, but the data of the HgCI2
liquidus curve do not distinguish whether these
solutions contain Hg atoms or HgZZI12molecules.

The liquid-solid equilibrium curve between the
salt-rich eutectic and the base of the miscibility gap
(5-47 mole % Hg) cannot be examined on the basis
of freezing point depressions since the heat of fusion
of HgZCI2 is not known. However, the possibility
that this curve can be interpreted in terms of a
molten solution containing only Hg and HgCI2 can
be examined. If one assumes that solid HgZCI2 is
in equilibrium only with its disproportionation
products, i.e.

HgiCh(s) Hg(l) + HgCL(l) (1)

then the variation of the Hg concentration with
temperature is given by

d log A'hc f1— ArHg a1 —AH®° — AiYng * AHngCh "1
U - 2ArHg/ o A 8|/6 In YHg)
i + h
4 1A 6 ;i ( 0Asg JrLj

@

where V he is the mole fraction of Hg, Au - is the
standard heat of reaction 1, AH is the relative par-
tial molal heat of solution and y is the activity co-
efficient, the standard state being the pure liquid.1l

('» H. Foote and N. Martin; Am. Chem. J., 41, 451 (1908).

(10) W. Klemm and W. Bilt/, Z. anorg. allgem. Cheinie, 152, 225
(1926).

(11) The derivation of equation 2 is as follows:
constant K for reaction 1 is given by

the equilibrium

K = ang«iigci, (a)
where “a” is the activity, the standard states being the pure liquids.
Then
djn_x = A//0 /1 - 2iVW\fa In AHg\

dr " RT2 \1- YHJV or ),

o In THITHCY,

( oT

where the subscript “sat” refers to the saturation curve. Since,
at the saturation curve, both temperature and composition are vary-
ing, it is necessary to evaluate the effect of each on the activity coef-
ficient. Applying a treatment similar to that of Williamson {Trans.
Faraday Soc., 40, 421 (1944)), it can be shown that

5 In 7HH\
"OT )nt

_ AHjfn . (a In tbe\ / iYhs\
'‘RT2 + Y dAHg M Or W

Using a similar expression for '0 In THgCI2bT)8at and substituting
into (b)
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To illustrate the magnitude of the terms of equa-
tion 2, two temperature regions will be considered,
one near the syntectic temperature at a composition
of 38 mole % Hg where d log AMHg/d(l/T) = —1600
and one near the eutectic region at a composition of
7 mole % Hg where the slope = —1500. Substi-
tuting these values and the value 13,000sfor AH® of
reaction 2 into equation 2, one obtains for the high
temperature and low temperature, respectively

31In 7uia _ + AHHWh _
cLVHy / T 1060
/din 7Hg\ AifH, + AZ/hrCli '
Y aVhU U e 7 — = 19 4)

In the usual binary system in which a miscibil-
ity gap exists, the All terms and therefore their
sum are positive. Also the term (d In 7i/d.V;)r is
negative, i.e.,, at small values of Nj, yi is greater
than unity due to positive deviations from ideality
while, at values of Aq close to unity, y, approaches
one. Between these two limits, y; decreases con-
tinuously with increasing concentration in the single
phase region and is of course constant in the two

(w)i(uS) +
/din 7THy HBIA 1 _ ~ (At/0+ AHhb + A//HCOD
V dAang ) ed 457

(d)

Applying the Gibbs-Duhem relation, one then obtains equations 2.
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liquid phase region. Thus in the usual binary sys-
tem in which a miscibility gap exists the difference
between the term (d In yi/dAOr and the term con-
sisting of the partial molal heats of solution would
be negative. However the initial assumption that
HgX'b disproportionates on dissolving in HgCb
leads to positive values for this difference—a fact
which suggests that the initial assumption is in-
correct.

While the activity coefficients and the relative
partial molal heats of solution of the HgCI2H g2CI2
system are not known, it is not anticipated that
such apparent inconsistencies arise if this model is
assumed for the solutions discussed above. The
fact that the melt obtained when HgZCI2 is heated
to 580° is diamagneticl2 is consistent with this
mechanism. As stated earlier the heat of fusion of
Hg2ZC12 is not known. However, if one assumes
that HgZCI12rather than Hg exists in the salt melt,
and calculates the heat of fusion from the slope of a
log AHgci, vs. /T plot near the miscibility gap, a
value of 11 kcal./mole (Ah' fus = 14 e.u.) is ob-
tained. Such a value is not unreasonable. There-
fore, the above arguments suggest that Hg dis-
solves in HgCl2as HgZClI2rather than as Hg atoms.

Acknowledgment.—The authors are grateful to
Dr. D. E. McKenzie and to Professor H. Flood for
many helpful discussions.

(12) J. Farquharson and E. Heyman, Trans. Faraday Soc., 31, (2)

1004 (1935).

HIGH-TEMPERATURE FREE ENERGY, ENTROPY, ENTHALPY AND HEAT
CAPACITY OF THORIUM SULFATE1

Bvwrs. AV. Mayer, B. B. Owens, T. H. Rutherford and R. B. Serrins

Research Department, Atomics International, A Division of North American Aviation, Canoga Park, California
Received February 18, 1960

Decomposition pressures of Th(S0 42 have been measured from 908 to 1057°K.
The heat capacity of Th(S04)2 has been determined from 623

reaction is: Th(S042s) = ThCK(s) + 2S02g) 4- 029).

The results show that the decomposition

to 897°K. by a drop calorimeter technique and the results are given by: Cp = 25.0 + 55.2 X 10-37 cal. mole-1 deg.-1
Least squares treatments of the decomposition pressure and heat capacity data have been used to obtain equations for the

thermodynamic functions of the decomposition reaction.

Equations have also been calculated for the absolute entropy

of Th(S04)2and for the standard free energy and enthalpy of formation of Th(S04)2from i:s elements.

Introduction

A series of measurements of the decomposition
pressures of Th(S042has been made as part of a
program for determining the high-temperature
thermodynamic functions for thorium and ura-
nium compounds. Heat capacities at elevated
temperatures have also been determined in this
study to obtain free energy, enthalpy and entropy
equations for Th(S042 applicable from 298 to
1057°K.

Th(S042 is of particular interest because of its
possible use as the fertile material in reactor fuels
based on a molten alkali metaphosphate-sulfate
system.2 The only previous reported thermo-
chemical values for this compound are a heat of

(1) This research was performed under the auspices of the U. S.
Atomic Energy Commission.

(2) S. W. Mayer, W. S. Gincll and D. E. McKenzie, Trans. Am.
Nuclear Soc., 2, 126 (1959).

formation3-6 at 298°K. and a heat capacity87 at
298°K. No thermochemical values have hitherto
been reported for Th(S042 at elevated tempera-
tures.

Experimental

Materials.—Thorium sulfate, prepared by the S. \Y.
Shattuek Chemical Company, was dried in a vacuum system
for nine days; the temperature of the sample was increased
by fifty degrees each day until it had been dried at 375° for
24 hours. Chemical analysis of the product showed that the
water content was less than 0.01%, and that the sulfate
content corresponded to 99.9 * 0.1%. Th(SOj)2 The
powder X-ray diffraction pattern showed only Th(S04)2
lines, with no evidence of a hydrate or oxysulfate.

(3) F. D. Rossini, et al., Circular 500, National Bureau of Stand-
ards, 1952.

(4) J. J. Katz and G. T. Seaborg, “The Chemistry of the Actinide
Elements,” John Wiley and Sons, Inc., New York, N. Yr., 1957.

(5) G. Beck, Z. anorg. Chem 174, 31 (1928).

(6) L. F. Nilson and O. Petterson, Ber., 13, 1459 (1880).

(7) K. K. Kelley, Bulletin 476, U. S. Bureau of Mines, 1949.
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Fig. 1.—Equilibrium constants for the decomposition of
Th(S042 The circles denote the results for Th(S04)2pow-
der, and the squares denote the results for the Th(S04)2-
Tho02pellets.

Procedure, (a) Vapor Pressure Measurements.—One
hundred grams of the dried thorium sulfate was placed in the
bottom of a 20-inch long, 33-mm. diameter silica tube which
had a thin-walled thermocouple well sealed in the bottom.
A platinum-foil helix having an area of 150 cm.2was placed
above the sulfate to catalyze the sulfur dioxide, oxygen
equilibrium. The silica tube was heated in a temperature-
controlled Marshall furnace adjusted to maintain uniform
temperature over the region containing the sample. The
temperature of the sample was measured with a chromel-
alumel thermocouple standardized against a Bureau of
Standards resistance thermometer. Pressures were meas-
ured manometrically and were read with a precision of 2 X
10“6atmosphere using a cathetometer. Preliminary tests
had shown that sulfur trioxide vapor could attack hydro-
carbon types of vacuum greases and mercury manometric
fluid. Consequently, fluorocarbon vacuum grease was used
for the joints of the vacuum system, and silicone diffusion
pump fluid in the manometer.

Before pressure measurements were begun the sample was
dried again in vacuo for two days at 375°, and then for one
hour at 800°, which was higher than any temperature at
which the vapor pressure was determined. For a given
temperature, three to four hours were required to attain
constancy of pressure; the temperature was kept constant
for an additional 20 hours to ascertain that no drift in pres-
sure occurred. After several pressure measurements had
been made, temperatures were raised and then lowered to
the original temperatures and the pressures were found to be
reproducible.

(b) Heat Capacity Determination.—The drop calorim-
eter and procedure were similar to those of Goodkin,
Solomons and Janz.8 The dried Th(S04)2was held in an
unsealed platinum vessel. Four or more drops were made at
each of a series of temperatures: 350, 400, 450, 551 and
624°. The average deviation in the temperature rise of the
calorimeter was less than 2%. No significant weight loss of
Th(S04)2 was observed throughout the foregoing measure-
ments, but the sample did lose weight when heated at 675°.
The occurrence of weight loss corresponded to the appear-
ance of detectable vapor pressures in the manometric meas-
urements. Consequently, heat capacity measurements
were discontinued above 624°. The calorimeter constant
was obtained at each of the temperatures from 350 to 624° by
similar drops made with NaCl in the same platinum vessel.
The use of Kelley’s equation7-9for the heat capacity of NaCl
gave calorimeter constants which had an average deviation
of less than 0.6% over the 350 to 624° range.

Results
Decomposition Equilibrium for Th(S042—The
results are summarized in Fig. 1 and Table I. In

Fig. 1 the circled points denote the experimental
results for the decomposition reaction of Th(S042
(8) J. Goodkin, C. Solomons and G. J. Janz, Rev. Sex. instr., 29,

105 (1958).
(9) W. A. Roth and W. W, Bertram, Z. Eleklrochem., 35, 297 (1929).

S. W. Mater, B. B. Owens, T. H. Rutherford and R. B. Serrins
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Th(S042s) = ThO2s) + 2S02g) + 02g) (1)

The ordinate of each point in Fig. 1isthe logarithm
of the equilibrium constant

KAx = P*so, X Potatm.3 (2)
Table |
Thermal Decomposition of Th(S04)2
SCa 02
Dec. Partial Partial
pressure. pressure, pressure,
Temp., atm. X atm. X at X )
°K. 10* 1cr nio‘ atm.1
(a) Th(S042Powder

907.2 1.14 0.C6 0.36 1.87 X 10“D
935.2 2.89 .18 0.90 2.94 X 10"
946.3 4.11 .28 1.28 8.40 X 10“9
959.0 5.94 41 1.84 249 X 10'8
968.9 8.24 .62 2.54 6.56 X 10“»
977.2 10.68 .83 3.28 1.41 X 10'7
982.4 11.91 .90 3.67 1.98 X 10-7
1004.5 22.81 1.96 6.95 1.34 X 10'6
1008.1 24.31 2.09 7.41 1.63 X 10-«
1029.2 42.92 3.91 13.00 8.80 X 10-6
1049.2 73.81 6.97 22.28 4.41 X 10“5

(b) Th(S042ThO02Pellets
907.7 1.10 0.06 0.35 1.68 X 10" D
932.4 2.62 .16 .82 2.20 X 10"9
936.5 3.08 .18 .97 3.60 X 109
947.8 4.36 .30 1.35 9.84 X 10"9
964.0 7.11 51 2.20 4.24 X 10"8
989.6 14.92 1.22 4.57 3.82 X 107
997.8 18.45 1.55 5.63 7.12 X 10"7
1010.5 26.76 2.34 8.14 2.16 X 10“«
1020.1 33.39 3.00 10.13 4.16 X 10“6
1032.7 47.29 4.40 14.30 1.17 X 10"5
1040.0 57.58 5.38 17.40 2.11 X 10"5
1057.2 85.74 7.85 25.96 7.00 X 10-5
Since some SOz is formed as a result of the

equilibrium
2502 “F O2 = 2S03 (3)

corresponding corrections (ranging from 5 to 9%)
have been made to the observed pressures.
Coughlin’s high temperature free energy datawn were
used to make the corrections.

It can be seen in Fig. 1 that the circled points
show a relationship between log K dec and reciprocal
absolute temperature which is linear within experi-
mental error. This suggests that no side reactions
occurred to a significant extent. Powder X-ray
diffraction patterns of the residue left after the
completion of this set cf vapor pressure measure-
ments supported that deduction since every line
in the pattern was identified as belonging to Th-
(S042 or Th02 and there was no evidence of solid
solution or oxysulfate formation. Chemical analy-
sis of the residue showed a sulfate and thorium
content corresponding to a mixture of 48 mole %
Th(S042 and 52 mole % ThO02 In order to de-
termine whether ThO02 was the final solid de-
composition product, a 20-g. sample of the dry
Th(S042 was heated in vacuo for 10 days at
1053°K. No sulfate could be detected by chemical
analysis of the solid product, and the X-ray powder
diffraction pattern showed that the solid residue
was Th02

(10) J. P. Coughlin, Bulletin £42, U. S. Bureau of Mines, 1954.
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It is possible, however, that decomposition of
solids can occur in such a way that a solid product
can be formed as an extremely finely divided powder
having different thermochemical properties from
the bulk solid.11 Because of this possibility, a set
of vapor pressure measurements was carried out on
70 g. of pellets formed by pressing an equimolar
mixture of Th(S042 and Th02 The pellets
were cylinders, three-eighths inch in diameter and
about three-eighths inch long; they were pressed
at 2000 Ib./in.2 The squares in Fig. 1 denote
the results obtained with the Th(S042ThO02 pel-
lets. It can be seen that they were concordant
with the results obtained from Th(S042 powder
alone.

Heat Capacity of Th(S0492—In Fig. 2, the
circled points denote the results of drop calorimeter
measurements of the heat evolved when one mole
of Th(S042 was cooled from the indicated tem-
peratures to 24°. The solid curve was fitted to
these data by the least squares method to give an
equation for the heat capacity

Cp= - = 25.0 + 55.2 X 10~% cal. mole-' deg.“1

@
where T is the absolute temperature, and —AH
is the heat evolved on cooling one mole of Th(S042
from T to 297°K. The standard deviation for
Cp was 1.5%. At 298°K., equation 4 gives a
calculated heat capacity of 41.4 cal. mole_1deg. 1
compared to the value of 41 cal. mole_1deg._1 re-
ported in the literature.7 This suggests that equa-
tion 4 is applicable to 298°K. The absence of
solid state transformations for Th(S042 was
confirmed, in the 297 to 910°K. range, by direct
thermal analysis of a 35-g. sample of the Th-
(S04 2powder.

Thermodynamic Data for the Decomposition of
Th(S042—The heat capacity equations for the
products of Th(S042 decomposition (equation 1)
have been reported.2

ThO2 Cp= 15.84 + 2.88 X 10"3T -
1.60 X 10572 (5)

2502 Cp= 20.76 + 508 X 10-32 -
2.84 X 1057-2 (6)

0. Cp = 716 + 1.00 X 10-3r - 0.40 X 105 -2 (7)

Equations 5, 6 and 7 are applicable from 298 to
1800°K.

Using the heat capacity equation 4 for Th-
(S042 ACPfor reaction 1is

ACP = 18.76 - 46.24 + 10-37 -
4.84 X 10*7'—2cal. mole 1deg. 1 (8)

The sigma function method13 for calculating
thermodynamic data was applied by using equa-
tion 8 in conjunction with the 23 experimentally
determined equilibrium constants of Fig. 1. The
sigma function, 2, follows these relationshipsi3

S= —RInK - Aaln T +
AbT AcT~* Affo
2 + 2 T e

(11) H. Flood and O. J. Kleppa, J. Am. Chem. Soc., 69, 998 (1947).

(12) O. Kubaschewski and E. L. Evans, “Metallurgical Thermo-
chemistry,” Third Edition, Pergamon Press, London, 1958.

(13) L. S. Darken and R. W. Gurry, “Physical Chemistry of
Metals,” McGraw-Hill Book Co., New York, N. Y., 1953.

Thermodynamic Properties of Thorium Sulfate

913

Fig. 2—Heat evolved in drop calorimeter per mole of
Th(SO,)2cooled from T to 297 °K.

where Aa, Aband Ac are the constants in equation 8.
AHO and | were calculated by least squares
treatment of the data and were found to be 167.23
kcal./mole and —33.12 cal. mole-1deg.-1, respec-
tively. The standard deviations were 0.55 keal.
mole for AHO and 0.09 cal. mole_1deg._1 for I.
Using these results for AHO and I, the following
thermodynamic equations can be written13 for the
decomposition of Th(S042(equation 1)

Ann* = 167,230 - 33.1271- 1876 TIn T +
23.12 X 10-3r 2+ 2.42 X 105r -1 cal./mole
AS°dec = 51.88 + 18.76 In T - 46.24 X 10~3T +
2.42
Aff°deo = 167,230 + 18.76r - 23.12 X 10-3r2+
4.84 X 106r -1 cal./mole

(10)

12

The curve shown in Fig. 1 corresponds to an
equation (derived from equation 10) for log A dec

log ffde. = —36.55321-1 + 7.244+ 9.4441log T -
5.05 X 10-3r - 0.529 X 1057-2 (13)

The slope of the higher temperature section of the
curve differs by only 2% from that of the lower
temperature section. Equations 10-13 were de-
rived in part from Th(S042 heat capacity data
based on measurements at temperatures up to
897°K., and consequently involve the assumption
that equation 4 is applicable to 1057°K. If
melting or a solid state transformation occurred in
the 897 to 1057°K. range, that assumption would
be invalid. The absence of melting or transforma-
tion of Th(S042 was indicated by visual and X-
ray examination of the powder remaining from the
decomposition pressure measurements and by the
absence of discontinuities in the equilibrium con-
stant data (Fig. 1). Consequently, the use of
equation 4 in deriving equations 10-13 for the 908
to 1057°K. range probably did not introduce large
errors.

Discussion

Formation of Th(S042 from its Elements.—
Equations 10-12 have been combined with the
thermochemical datafor Th(s), 02(g), S, ThO2Xs)
and S02g) to obtain equations for the free energy
and enthalpy of formation of Th(S042 from its
elements and the absolute entropy of Th(S042

X 105T ~2cal. mole-1 deg.-1
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For the formation of Th(S042 from Th, Oz and
orthorhombic sulfur (298 to 368.6°K.)

AF°[ = -603,540 + 83.407 + 17.207In 7 -
1783 X 10~372- 0.62 X 10 ~"1cal./mole (14)
All°t = -603,540 - 17.207 + 17.83 X 10“3 2 -
1.24 X 1& T-1cal./mole (15)

At 298.15°K., A'Y = —551.2 kcal./mole, AHp =
—607.4 kcal./mole and Axr = 35.4 e.u./mole.
Equations 16-18 are applicable from 298 to
1057°K.
S° = -123.47 + 250In T + 55.2 X 10“37 e.u./mole
(16)
For the formation of Th(SC>s2 from Th, Oz and
82(g)
AF°t = -634,400 + 116.507 + 18.587 In 7 -
23.93 X 10-3r2- 1.02 X 1057 - 1cal./mole
-634,400 - 18.587 + 23.93 X
10“372- 2.04 X 106r-> cal./mole

@an
AH°t =
(18)

Since equations 10-12 were based largely on de-
composition pressure measurements made from 907
to 1057°K., their extrapolation to 298°K. to obtain
equations 14-18 increased the standard deviations
of values calculated from those equations. For
example, the standard deviation for equation 1o
was 1.1 kcal. at 298°K. compared to 0.6 kcal. at
1000°K. Furthermore, because of the estimated
errors in the thermochemical datai. for Th02 SO:2
and their elements, combining them with the errors
of equations 10-12 led to estimated standard
deviations from 298 to 1057°lv. of 1.5 kcal./mole
for AFt° and for A//,n and 0.5 e.u./mole for S°
values calculated from the corresponding equations.

Comparison with Older Data.—It has been
pointed out that the only thermochemical data
previously reported for Th(S042 were the heat
capacitys and enthalpys at 298°K. The heat
capacity results obtained in this work at elevated
temperatures have been shown to extrapolate to
41.4 cal. mole_ideg. 1 at 298°lv., in accord with
the reported values of 41 cal. mole_ideg._1.

From equation 15, the heat of formation of
Th(S042 at 298.15°lv. was calculated to be —607.4
kcal./mole. The literatures value of —603 kcal./
mole was based on a heat of solution reported by
Beck.s in a table involving ten heavy metal sul-
fates. Beck gave the result of only one measure-
ment of the heat evolved when Th(S042 (prepara-
tion and water content not given) was added to
aqueous NaOH (concentration not specified).
He assumed that the precipitate formed in the
calorimeter was pure Th(OH)4 but precipitates
formed by adding aqueous NaOH to a solution of
heavy metal sulfate usually contain significant
quantities of the NaOH reactant and the NazS04
product.s In view of that uncertainty, the degree
of agreement of his result with that obtained in this
work is perhaps only fortuitous.

S. W. Mayer, B. B. Owens, T. H. Rutherford and R. B. Serrins

Vol. 64

Wohler, et al.,u have reported decomposition
pressure measurements above thorium sulfate and
several other polyvalent metal sulfates. However,
no linear relationship was found between their log
K data and reciprocal absolute temperature.
Kelleys deemed it inadvisable to calculate ther-
mochemical data for Th(SO042 from their work.
Their decomposition pressure results are consider-
ably higher than those found in this study and sug-
gest that their material may have contained water,
H2S 04 or other volatile impurities.

Entropy.—Equation 16 was used to calculate a
value of 35.4 e.u. for the entropy of Th(S04: at,
298.15°K. That value can be compared with one
obtained by using Latimer’'s additive method for
estimating the entropy of solid compounds. s
Latimer has attempted to estimate the effect of
tetravalent cations on the entropy contribution of
sulfate ion by extrapolating the effect of divalent
cations via one trivalent cation (A1+3 to the tetra-
valent cations. His estimated values add up to
an entropy of 39.9 e.u. for Th(S042 Since the
average deviation per ion in Latimer’s estimates
(Table 89,56column ¢) is about 10%, this deviation
of 12% for a compound involving three ions does
not appear to be excessive for such a method of
estimating the entropy. 7

The entropy of decomposition of Th(S0a4)2
(equation 1) was computed from equation 11 to be
135.5 e.u. at 1000°K. The dependence of the free
energy of decomposition on temperature is known
for other sulfates1618 accordingly, the entropy of
decomposition of these sulfates has been calculated
at 1000°K. in order to compare them with Th-
(S042 Calculated entropies of decomposition,
per two SO0z molecules formed, are: AL(S04s,
138; BaS04 136; MgS04 132: PbSO04 132; Cd-
S04 122; Co0S04 122; MnS04 132; NazS504,
138; CaS04 134; and CuS04 140 e.u. The
entropy of decomposition for Th(S042 is within
the range observed for the other sulfates, and is
somewhat greater than the median value of 132
e.u.

Acknowledgments.— The authors wish to express
their gratitude for valuable discussions with Pro-
fessor H&kon Flood and Dr. S. J. Yosim.

(14) L. Wohler, W. Pluddemann and P. Wohler, Ber., 41, 703
(1908).

(15) K. K. Kelley, Bulletin 406, U. S. Bureau of Mines, 1937.

(16) W. M. Latimer, “Oxidation Potentials,” Second Ed., Prentice-
Hall, New York, N. Y., 1952, p. 359 ff.

(17) The only oxygenated anion for which the entropy-reducing
effect of a tetravalent cation is known is the tetrahedral Si04-4 anion
(ref. 16, p. 363). The effect of divalent cations is known for both
Si04-4 and S04-2. In asolid containing a divalent cation, the entropy
contribution is 13.8 e.u. for Si04-4 and 17.2 for SO4-2; for a solid with
a tetravalent cation the entropy contribution of SiCL"4 is 7.9 e.u.
Maintaining this ratio leads to a calculated value of 9.8 e.u. for the
entropy contribution of SO4-2 in a solid having a tetravalent cation.
The estimated entropy of Th(S04)z then becomes 35.5 e.u. compared
with 35.4 e.u. obtained in this study.

(18) C. J. Osborn, ./. Metals, 188, 600 (1950).
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The heat contents of commercially available ‘e'crystalline” and “amorphous” borons have been measured from 500 to

1200°K. in a copper block-type drop calorimeter.
energy functions and entropies have been calculated.

Equations have been derived for both forms, and heat capacities, free-
A Debye-Einstein heat capacity equation has been derived for both

amorphous and crystalline boron and used for calculation of thermodynamic functions over the range 0-2400°K.

Reliable heat content data on crystalline and
amorphous boron at high temperatures are not
available in the literature. Johnston, Hersh
and Kerrl have measured the low temperature
heat capacity of both forms of boron. Evans,
Wagman and Prosen2 have made corrections to
their data and calculated the thermodynamic
functions to 300°K. Various workers have re-
ported high temperature heat content data for
“amorphous” boron, the most complete work
being bv Magnus and Danz ; but in all cases there
is question as to the purity of the boron. Xo high
temperature data (above 100°) are available for
crystalline boron. In this work studies of “amor-
phous” and “crystalline” borons from 500 to
1200° K. are reported.

Experimental

Grimley and Margrave45have described in detail the con-
struction and arrangement of the high temperature copper
block-type drop calorimeter and the resistance thermometer
circuit used in this Laboratory.

The calorimeter was recalibrated electrically in terms of
the number of calories required to raise the resistance of the
oopper-manganin resistance thermometer one ohm. The
platinum vs. platinum-10% rhodium thermocouple, which
was suspended just above the sample capsule in the furnace,
was recalibrated against an X. B. S. calibrated thermocou-
ple.

The boron samples were contained in sealed gold capsules.
Several preliminary experiments in which boron was heated
in gold to 800° gave no indication of reaction. However, the
capsules were observed to gain in weight after runs above
700°, and it is believed that small leaks developed. A small
amount of boric oxide was probably formed. The weight
gains amounted at the most to 1.0X of the starting weight of
boron. The heat content data were corrected for this weight
gain by the assumption that glassy B2 jwas formed.

Materials.—The analysis of a sample of —100 mesh
“crystalline” boron (1) supplied by the American Potash
and Chemical Corporation was as follows: B 99.6%,
Si 0.017%, Fe 0.074%, Ti 0.28%., Mg 0.0011% and Cu
0.074%.

A sample of “crystalline” boron (I1) from the U. S. Borax
and Chemical Corporation also was studied. Analysis
showed Mn, 0.2%; Si, 0.2%; Fe, 0.05% as the major im-
purities.

Pure “amorphous” electrolytic boron (I11) was obtained
from the Fairmount Chemical Company and by s]>eetro-
graphic analysis contained major impurities of Fe, 0.04%;
Xa, 0.06%; Si, 0.08%; Xi, 0.02% .

X-Ray powder patterns of all the samples indicated the

(1) H. L. Johnston, H. N. Hersh and E. C. Kerr, J. Am. Chem. Soc.,
73, 1112 (1951).

(2) W. H. Evans, D. D. Wagman and E. J. Prosen, N. B. S. Report
No. 6252, December 15, 1958.

(3) A. Magnus and Il. Danz, ann. 1'hysik, 81, 107 (1926).

i4) R. T. Grimley and J. L. Marg ate, This Jontvu,, 62, 1136
(1958).

(5) R. T. Grimley, Ph.D. thesis, University of Wisconsin, 1958.

presence of some of the high temperature /3-rhombohedral
form.6 | was more crystalline than I, and 11l was only
slightly crystalline.

Results
The high temperature heat content data for
“crystalline” borons | and Il and ‘'‘amorphous”
boron 111 are presented in Tables I, Il, and III,
Table |

Measured Heat Content of Boron |

r, HT —7°% T, HT — HZ5
°K cal. mole*1 "K. cal. mole_1
530. / 879 843.1 2504
589.2 1145 922.3 2928
654. 8 1473 985.7 3307
720. 1 1806 1038.5 3603
779.6 2125 1102.9 3985
Table Il

M easured Heat Content of Boron |l

HT —//%g, HT -
r, °k. cal. mole’™1 T, °K. cal. mole
516.1 821 791.7 2244
596.5 1204 839.9 2515
658.6 1531 908.1 2912
729.8 1909 975.4 3310

Tabte Il
M easured Heat Context of Boron Il

T — " s, 7T - Hin,
r, °k. cal. molo-1 T. °K. cal. mole
500.6 784 926.0 2984
614.0 1283 1025.3 3586
695.3 1706 1097.8 4049
776.7 2138 1173.9 4510
861.3 2617 1233.7 4886

Using Johnston’sl data, as corrected by Prosen,
el al,~ for the heat capacity, enthalpy and en-
tropy nl 29S.16°K. of both forms of boron, one may
derive these equations according to the methods of
Shomate7with the atomic weight of boron = 10.82.8

Boron |:
H\ - 7,8 = 4.01302' + 1.0822 X

J0-327 + »-7867 X 105 18023 cal. mole ™

Op = 4.01307' + 2.1645 X 10~57 -

1.7867 X 105ca

I. mole ‘deg.

(6) T. N. Godfrey and B. E. Warren, J. Chem. Rhys., 18, 1121
(1950); D. E. Sands and J. L. Hoard, .. Am. Chem. Soc., 79, 5582
(1957); and J. E. Hoard and A. E. Newkirk, ibid., 82, 70 (1960),

(7) c. H. Shomate. This Journal, 58, 368 (1954).

(8) K. Wiehers, J. Am. Chem. Soc., 80, 4121 (1958).



916 Stephen S. Wise, John L. Margrave and Robert L. Altman
Boron I1I: Discussion
H°T — H°ZB = 4.381021+ 9.4938 X The X-ray patterns of both
5 20758 cal. mole 1 Samples of boron were practically

10-r» + 2-042»

C°p = 4.3810 + 1.8988 X 10-1T -
2.0426 X 105

Boron I11I:

iji2

H\ - H«W= 3.836T + 1.1966 X
1.5048 X 105

10-3T2 +

T2

C% = 3.836 + 2.3932 X 10-3T

Values of heat contents, entropies and free energy-
functions are presented in Tables IV, V and VI
from 298 to 1200°K.

Calculated Thermodynamic Functions of

“Crystalline”

Ht —H%

cal.

T, °K. mole-1

298 290.4
400 623
500 1032
600 1493
700 1993
800 2524
900 3085
1000 3672
1100 4284
1200 (4922)

Calculated Thermodynamic Functions of

1.5048 X 10®
m

cal. deg.-1 mole-

— 1755.1 cal. mole-1

Table IV
Boron |
Cp, s°,
cal. deg. 1 cal. deg.-1
mole-1 mole-1
2.650 1.402
3.762 2.355
4.381 3.266
4.815 4.105
5.164 4.874
5.465 5.584
5.741 6.244
5.999 6.862
6.246 7.445
(6.486) (7.999)
Table V

“Crystalline” Bo

H°t - H°0,
cal.
T, °K. mole-1
298 290.4
400 630
500 1051
600 1525
700 2037
800 2582
900 3154
1000 3749
1100 (4368)
1200 (5009)

Calculated Thermodynamic Functions of

ca|.C&Zg.-1
mole-1

2.650
3.864
4513
4.953
5.293
5.581
5.838
6.076

(6.301)

(6.518)

Table VI

“Amorphous” Bor

Ht —H
cal.

T, °K. mole-1
298 314.3
400 661
500 1077
600 1542
700 2046
800 2582
900 3148

1000 3742
1100 4364
1200 5011

cal. deg. -1
mole-1

2.858
3.851
4.431
4.854
5.204
5.516
5.804
6.079
6.344
6.603

ron |l
s°,
cal. deg.-1
mole -1
1.402
2.372
3.310
4.174
4.964
5.690
6.362
6.990

(7.579)
(8.137)

on Il

cal. deg
mole-1

1.564
2.560
3.485
4.331
5.107
5.822
6.489
7.115
7.706
8.270

Ft° —HO

cal. deg 1

cal. mole-1 deg. 1

mole-1

-0
-0
-1
-1
-2
-2
-2

-3

FtO — HoQ
cal. deg -1

428
797
201
616
047
428
816
-3,
551

(-3.898)

190

mole-1

-0

-3

Ft - /1%,
T
cal. deg.-1

428
798
208
632
053
462
.858
240
(-3.608)
(-3.963)

mole-

-0
-0
-1
-1
-2
-2
-2
-3
-3
-4

.510
.907
.330
761
.184
.595
991
.372
.740
.094

Thermodynamic

Properties

Table VII

of Crystalline
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“crystalline”

identical.

Calculated from Debye-E instein Equation

T, °K.
100
200
298.15
300
400
500
600
700
800
900
1000
1100
1200
1300
1400
1500
1600
1700
1800
1900
2000
2100
2200
2300
2400

-(F T« -

Up
cal. molel (Ht® - Ho°),

deg. - kcal./mole
0.227 0.006
1.429 0.081
2.823 0.292
2.845 0.298
3.841 0.635
4.498 1.054
4.966 1.529
5.333 2.044
5.639 2.593
5.902 3.171
6.130 3.773
6.329 4.396
6.502 5.038
6.652 5.695
6.783 6.367
6.897 7.051
6.996 7.746
7.083 8.450
7.160 9.162
7.228 9.882
7.288 10.608
7.341 11.339
7.388 12.076
7.430 12.817
7.468 13.561
Tabte VIII

Thermodynamic Properties of Amorphous Boron Ca

culated from Debye-E instein Equation

—(Ft° — Ho0),

T, °K.
100
200
298.15
300
400
500
600
700
800
900
1000
1100
1200
1300
1400
1500
1600
1700
1800
1900
2000
2100
2200
2300
2400

kcal./mole

cal. ?npolel (FtO- Ho°),
deg.-1 /

0.328
1.496
2.781
2.803
3.767
4.424
4.899
5.273
5.585
5.852
6.085
6.287
6.463
6.617
6.750
6.867
6.969
7.058
7.137
7.206
7.268
7.322
7.371
7.414
7.453

0.009
0.095
0.307
0.312
0.644
1.055
1.523
2.032
2.575
3.147
3.744
4.363
5.001
5.655
6.324
7.005
7.697
8.398
9.108
9.825
10.549
11.278
12.013
12.752
13.496

deg.-1

0.030
0.194
0.485
0.492
0.870
1.285
1.708
2.128
2.536
2.932
3.313
3.681
4.035
4.376
4.704
5.021
5.327
5.623
5.908
6.185
6.453
6.713
6.965
7.209
7.447

0.117
0.671
1.515
1.532
2.480
3.395
4.246
5.030
5.755
6.429
7.058
7.647
8.202
8.726
9.221
9.691
10.137
10.563
10.968
11.356
11.727
12.083
12.425
12.754
13.070

Boron

Ho®),

T St°,
cal. mole 1 cal. mole-1
deg.-1 deg.-1
0.019 0.077
0.146 0.551
0.411 1.392
0.418 1.409
0.786 2.374
1.198 3.307
1.622 4.170
2.044 4.964
2.455 5.697
2.854 6.377
3.238 7.011
3.608 7.605
3.965 8.163
4.308 8.689
4.639 9.187
4.958 9.659
5.266 10.107
5.563 10.534
5.851 10.941
6.129 11.330
6.399 11.703
6.660 12.059
6.913 12.402
7.159 12.731
7.398 13.048

T
cal. molel cal. mole—:
deg. -
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However, the crystal samples were prepared by
very different methods. The American Potash
boron | was prepared9 by a hot wire deposition
process. It is believed that the U. 8. Borax
bopm Il was prepared by a process involving the
recKystallization of a commercial “amorphous”
boron at high temperatures. If some of the amor-
phous boron still remains in boron 11, this would
tend to explain the higher heat content.

The high temperature data reported here may lie
combined with the low temperature data of Johns-
ton, Hersh and Kerrlto yield heat capacity equa-
tions for crystalline and amorphous borons of the
form

CJR = D(eo/T) + 2EI(ONT) + EfalT)

(9) D. K. Stern and L. Lynds, J. Elcctrochem. Soc., 105, 670 (1958).

Decarboxylation of Malonic Acid and Trichloroacetate
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where the characteristic temperatures have the
values OD = 875; 0i = 1075 and 02 = 4000 for
crystalline boron and sp = 750, 6X= 1150 and 02 =
4050 for amorphous boron. These equations yield
the thermodynamic functions in Tables VII and
VIIL.
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Kinetic data are reported for the decarboxylation of malonic acid in molten trichloroacetic acid and of the trichloroacetate

ion in decanoic acid.

The constants of the Eyring equation are evaluated.

A comparison of these results with those

previously obtained for the reaction of these two reagents with a wide variety of polar solvents indicates that the malonic

acid tends to evoke favorable eloctromeric and inductive effects which produce a decrease in AH

whereas the negative

charge on the trichloroacetate ion tends to evoke unfavorable electromeric and inductive effects which cause an increase in

AH+.

An explanation is advanced for the fact that the aromatic amines are an exception to this pattern of behavior.

Fi-

nally, a possible mechanism is suggested for the decarboxylation of molten trichloroacetic acid at high temperatures.

The mechanism of the decarboxylation of malonic
acid in nucleophilic solvents has been well estab-
lished.1 Evidence has been presented which
strongly indicates that the trichloroacetate ion
likewise decomposes in similar solvents by essen-
tially the same mechanism as does malonic acid.2
The rate-determining step of both reactions ap-
pears to be the formation, prior to cleavage, of a
transition complex, the polarized carbonyl carbon
atom of the reactant coordinating with a pair of
unshared electrons on the nucleophilic atom of a
solvent molecule. If the cumulative inductive
effects of three alpha halogens are considered, the
effective positive charge on the carbonyl carbon
atom of the trichloroacetate ion is evidently greater
than that in the case of malonic acid. Therefore,
since an increase in the attraction between two
reagents lowers the AH* of the reaction,3it would
be predicted that, in identical solvents, the AH*
would be less for the decomposition of the trichlo-
roacetate ion than for malonic acid. Comparison
of data on the two reactions in five aromatic amines
reveals that this anticipated result is actually ob-
tained.2 For example, in aniline, AH* (in kcal.)
for the decarboxylation of malonic acid is 26.9, for
the trichloroacetate ion, 24.5; in quinoline corre-

(1) G. Fraenkel, R. L. Belford and P. E. Yankwich, J. Am. Chem.
Soc., 76, 15 (1954).

(2) L. W. Clark, This Journal, 63, 99 (1959).

(3) K. J. Laidler, "Chemical Kinetics," McGraw-Hill Book Co.,
Inc., New York, N. Y., 1950, p. 138.

sponding figures are 26.7 and 24.0; in o-toluidine
25.7 and 23.8.

However, when the reactions were carried out in
several of the monocarboxylic acids and their
derivatives, it was found that AH* was higher in
each case for the decarboxylation of the trichloro-
acetate ion than for malonic acid.4 For example,
in propionic acid, AH* (in kcal.) for the decompo-
sition of malonic acid is 33.4, for the trichloroacetate
ion, 35.3; in butyric acid, 32.3 and 35.1; in mono-
chloroacetic acid, 31.7 and 48.9.

These results suggest that a fundamental differ-
ence in electron activation obtains between reac-
tions of malonic acid and the trichloroacetate ion
in acid media. The source of this difference may be
traced to the difference in the nature of the two
reagents. In malonic acid we are dealing with a
neutral molecule containing a polarizable, electro-
philic carbonyl group. The electrophilic carbonyl
carbon atom may have two effects: (1) it may co-
ordinate with an unshared pair of electrons on the
nucleophilic atom of the solvent molecule, and (2)
it may attract mobile electrons present in the sol-
vent molecule—in other words it may evoke a favor-
able electromeric effect at the moment of reaction.

In the case of the trichloroacetate ion, however,
the electrophilic carbonyl carbon atom is bound to
two oxygen atoms which share, through resonance,
a negative ionic charge. This negative charge will

(4) L. W. Cark, ibid., 63, 1760 (1959).
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tend to repel any mobile electrons which may be
conjugated with the nucleophilic center of the sol-
vent molecule so that, at the moment of reaction,
the electron density on the nucleophilic atom of the
solvent will be reduced, thus necessitating the ac-
quisition of additional energy in order to form the
activated complex.

If these principles are applied to the case of the
two reactions taking place in acid solvents, it will be
deduced that the trichloroacetate ion will tend to
repel electrons away from the point of attack,
thus evoking a —E effect on the carbonyl oxygen
atom of the solvent. Hence the effective positive
charge on the carbonyl carbon atom will be in-
creased, electrons will then be withdrawn from the
hydroxyl group, and more energy will be needed to
form the activated complex. In the case of the re-
action with malonic acid, on the other hand, a —e
effect will not be called into play at the moment of
reaction, hence the activation energy will be ex-
pected to be lower.5

In order to further test the above postulates, fur-
ther Kkinetic studies have been carried out in this
Laboratory, as: (1) the decarboxylation of malonic
acid in molten trichloroacetic acid, and (2) the
decarboxylation of the trichloroacetate ion in deca-
noic acid. Results of this investigation are re-
ported herein.

Experimental

(a) Reagents.—The malonic acid, trichloroacetic acid
and potassium trichloroacetate used in this research were
Reagent Grade, 100.0% assay. The decanoio acid was
“Highest Purity” grade. The usual precaution was taken
of distilling this solvent at atmospheric pressure directly
into the reaction flask immediately before the beginning of
each decarboxylation experiment.

(b) Apparatus and Technique.—The details of the ap-
paratus and technique have been described previously.6
Temperatures were controlled to within £0.01° and were
determined by means of a thermometer calibrated by the
IT. S. Bureau of Standards. In studying the decomposition
of malonic acid in molten trichloroacetic acid, 60 g. of tri-
chloroacetic acid were placed in a 100-ml. reaction flask
which was then immersed in the constant-temperature oil-
bath, and 0.1857 g. of malonic acid (the amount required to
produce 40.0 ml. of CO; at STP on complete reaction) was
introduced in the usual manner. In studying the decom-
position of the trichloroacetate ion in decanoic acid, 330 mg.
of potassium trichloroacetate (the amount required to
furnish 40.0 ml. of CO; at STP on complete reaction) was
added to 70 ml. of solvent.

Results

1. The Decarboxylation of Malonic Acid in
Molten Trichloroacetic Acid.—It has been found
that, when 1 mole (163.8 g.) of trichloroacetic acid
is heated at temperatures of about 156° and above,
carbon dioxide is evolved at an appreciable rate.7
Since the temperature coefficient of the reaction is
about 5.4, the volume of CCL evolved with time
falls off rapidly as the temperature is decreased be-
low about 156°. When smaller quantities (50-60
g.) of trichloroacetic acid are heated at tempera-
tures considerably below 156° very little volume
change occurs during the period of time required to
study the decomposition of malonic acid therein.

(5) A. E. Remick, “Electronic Interpretations of Organic Chemis-
try/’ 2nd Ed., John Wiley and Sons, Inc., New York, N. Y., pp, 52,
53 and 54.

(6) L. W. Clark, This Journal, 60, 1150 (1956).
(7) L, W, Clark, 3, Am, cham, 190c,t 77, 3130 (1955).
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However, in determining the rate constants for the
decarboxylation of malonic acid in trichloroacetic
acid, allowance was made for the small increment of
volume change due to this factor. Experiments
were carried out, in duplicate, at three different
temperatures over a 16° range. The average rate
constants, in sec."], calculated in the usual manner
from slopes of the experimental logarithmic plots,
were as follows: at 131.60°, 0.203 X 104 at
138.14°, 0.407 X 10 1 at 147.39°, 1.065 X 10-4.
Average deviations were less than 1% in each case.
On the basis of these results, AH* for the reaction
was found to be 34.9 kcal., and A»S* +5.5 e.u.

2. The Decarboxylation of the Trichloroacetate
lon in Decanoic Acid.—The decarboxylation of the
trichloroacetate ion was first order in decanoic
acid, and followed very nearly the same pattern of
behavior as was found previously for the reaction
in acetic acid, propionic acid and butyric acid.4
Experiments were carried out, in duplicate, at three
different temperatures over a 16° range. The aver-
age rate constants, in sec.-1, calculated from the
slopes of the experimental logarithmic plots, were as
follows: at 121.62°, 1.19 X 10-4; at 132.13°, 4.68
X 10-4; at 137.70°, 9.58 X 10-4. Average devia-
tions were not more than 1% in each case. The
value of AH* for the reaction was found to be 41.4
kcal.; the value of A»?*, +27.7 e.u.

Discussion

The reasons for the selection of the particular
systems for investigation reported in this research
will become apparent from a study of Table I.

Table |

Enthalpies of Activation for the Decarboxylation of

M alonic Acid and of the Trichloroacetate lon in
Various Liquids

*o

System Atr':al-

(1) Molten malonic acid8 33.0

Malonic acid in propionic acid9 33 6

(3) Malonic acid in monochloroacetic acid9 317

(4) Malonic acid in trichloroacetic acid* 34.9

(5) Malonic acid in decanoic acidD 26.6

(6) Trichloroacetate ion in acetic acid4 35.5

(') Trichloroacetate ion in propionic acid4 35.3

(8) Trichloroacetate ion in monochloroacetic acid4 48.9

(9) Molten trichloroacetic acid7 62.0

(10) Trichloroacetate ion in decanoic acid* 41 4

“ Present research.

On going from acetic acid to monochloroaoetic
acid, AH* for the decomposition of the trichloro-
acetate ion increases from 35.5 to 48.9 kcal. (see
lines 6 and 8 of Table I)—a result which has been
attributed to a —I effect of the halogen evoked by
the ionic negative charge on the trichloroacetate
ion.4

On going from propionic acid to monochloroaoe-
tic acid, the AH* for the decomposition of malonic
acid decreases from 33.6 to 31.7 kcal. (see lines 2 and
3 of Table I)—a result which has been attributed to
a +E effect of the halogen evoked by the effective

(8) C. N. Hinshelwood, J. Chem. Soc., 117, 156 (1920)*

(9) L. W. Clark, This Journal, 64, 41 (1960).
(10) L, W. Clark, ibid., 64, 692 (1960).
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positive charge on the polarized carbonyl carbon
atom of the neutral malonic acid.9

It has been suggested that, in the decomposition
of molten malonic acid, the transition complex is
formed by the coordination of a polarized carbonyl
carbon atom of one molecule of malonic acid with
an unshared pair of electrons on the hydroxyl oxy-
gen atom of a second molecule of malonic acid.D
A study of the data shown in lines 6, 8 and 9 of
Table I sheds light on the probable mechanism of
the decomposition of molten trichloroacetic acid.
Inasmuch as un-ionized trichloroacetic acid is sta-
ble, and since, in molten trichloroacetic acid, espe-
cially at elevated temperatures near the boiling
point, some trichloroacetic ions are undoubtedly
present, it may be inferred that the electrophilic
carbonyl carbon atom of the ion coordinates with
one of the unshared pairs of electrons on the hy-
droxyl group of one of the un-ionized trichloroacetic
acid molecules forming a transition complex similar
to that in the case of monochloroacetic acid. The
very high activation energy for the reaction (62.0
kcal.) is in line with the strong electron withdrawing
power of the three alpha halogen atoms, none of
which can release its mobile electrons because of the
electron repelling effect of the negative charge on
the attacking ion. The increase in AH* for the
reaction on going from monochloroacetic acid to
trichloroacetic acid (13.1 kcal.) is almost exactly
equal to the increase on going from acetic acid to
monochloroacetic acid (13.4 kcal.). In other
words, three halogen atoms on the same carbon
atom have only about twice the inductive effect as
does one halogen. This is in line with the fact that
in cases of multiple substitution on the same atom
the inductive effect is not cumulative but diminishes
with successive substitution.1l

For the decarboxylation of malonic acid in molten
trichloroacetic acid AH* is only 3.2 kcal. greater
than it is in monochloroacetic acid (lines 3 and 4 of
Table 1). This indicates that, in the reaction with
trichloroacetic acid as in that with monochloroace-
tic acid, the malonic acid evokes on the chlorine
atoms at the moment of reaction a +E effect,
which tends partially to restore to the nucleophilic
center those electrons which have been removed by
the inductive effect of the halogens.

In molten trichloroacetic acid the AH* for the de-
composition of the trichloroacetate ion is nearly
twice that for malonic acid (lines 4 and 9 of Table
1). Again it appears strongly evident that, in the
case of the trichloroacetate ion, the halogens are
exerting a —I effect since the negative charge on the
attacking ion prevents a +E effect from taking
place, whereas in the case of malonic acid, the halo-
gens manifest a + E effect, evoked by the effective
positive charge on the carbonyl carbon atom of the
attacking agent.

The data for the reactions in propionic acid and
in decanoic acid (lines 2, 5, 7 and 10 of Table I) also
are consistent with the postulate that the trichloro-
acetate ion evokes a —E effect on the carbonyl oxy-
gen atom of the solvent, whereas no —E effect can
take place in the presence of malonic acid.

11
Str(uct)ures by Physical Methods,” Academic Press, Ino., New York,
N. Y, 1955, p. 579.

Decarboxylation of Malonic Acid and Trichloroacetate
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The strong hydrogen bonding in the dimer of the
lower fatty acids results in a withdrawal of electrons
from the hycroxyl group somewhat analogous to
that which would be produced by a —E effect on
the carbonyl oxygen atom of the monomer. There-
fore, the electron repelling effect of the negative
charge on the trichloroacetate ion is able to pro-
duce only a small additional decrease in the electron
density on the nucleophilic atom of propionic acid.
The electron density on the hydroxyl group of the
undimerized decanoic acid is normally greater than
that in the case of propionic acid since in the former
no electrons are being called into play to form hy-
drogen bonds

Additional evidence in support of these deduc-
tions is furnished by a study of data obtained by
Verhoek on the decomposition of sodium trichloro-
acetate ion in ethanol.2 According to his results,
AH* for the reaction is 31.1 kcal., as compared with
27.2 kcal. for the decomposition of malonic acid in
1-butanol.13 It appears evident from these figures
that the AH* for the decomposition of the trichloro-
acetate ion in the aliphatic alcohols wall be higher
than will be that for malonic acid. In the reaction
with malonic acid the alkyl groups of the alkanols
can exert a —I effect, whereas, with the trichloro-
acetate ion, such a +1 effect is prevented from tak-
ing place because of the electron repulsion of the
negative ion.

These results indicate that, in the attempted
coordination between malonic acid and a polar
molecule, the effective positive charge on the po-
larized, electrophilic, carbonyl carbon atom of the
neutral malonic acid molecule will attract mobile
electrons, in other words it wall evoke favorable in-
ductive and electromeric effects, in such a way as
always to increase the electron density on the nu-
cleophilic center at the moment of reaction, thus
bringing about a decrease of AH*. In other words,
the solvent molecule will always tend to respond to
the advances of the attacking reagent.

In the attempted coordination between the tri-
chloroacetate ion and a polar molecule, on the other
hand, the negative charge on the ion will tend to
repel mobile electrons, in other words it will evoke
unfavorable inductive and electromeric effects, in
such a ivay as alwrays tc decrease the electron den-
sity on the nucleophilic center at the moment of re-
action, thus bringing about an increase of AH*.
In other words, the solvent molecule will always
tend to resist the advances of the attacking reagent.

The only class of compounds so far investigated
which does not follow the above pattern is the aro-
matic amines.2 Evidently, in these liquids, the ef-
fective positive charge on the carbonyl carbon atom
of the malonic acid is not sufficiently strong to
evoke a —E effect on the nitrogen atom—in other
words it is not able to attract back to the nitrogen
those electrons which have been withdrawn! from it
by the powerful resonance effect of the aromatic
nucleus. Since the negative charge on the trichlo-
roacetate ion prevents a —E effect from taking
place on the nitrogen atom the electron density on
the nucleophilic center of these solvents will not be

(12) F. H. Verhoek, J. Am. Chem. Soc., 56, 571 (1934).
(13) L. w. Clark, Tme Jourkal, 64, 508 (1960).



920

affected appreciably by the field effects of the dif-
ferent electrophilic reagents.
Further work on this problem is contemplated.
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Measurements of the e.m.f. of the cell Tl, Hg (2 phase)/TI12S04(in)/Hg2504s), Hg have been made over the concentration
range 0.005 to 0.1 molal, and by combination with the literature value for the appropriate standard potential have been used

to calculate stoichiometric activity coefficients.

In the lowest concentrations investigated (0.005-0.01 m) anomalous
effects were observed, and failure of the Hg2S04electrode suspected.
lower than, for example, those of the alkali metal sulfates, in conformity with results obtained on other thallous salts.

In general, the activity coefficients are considerably
By

applying the Bjerrum theory and a model equation for the activity coefficients, a series of values have been calculated for
the apparent “dissociation constant” for the T1S04~ion: by this means a comparison is made possible with results previously

obtained on this system.
in agreement with the previous findings.

It is concluded that ion-association greater than is compatible with the Bjerrum theory occurs,
The limits of applicability of the model activity coefficient equation are discussed

in the light of their effect on the value of the dissociation constant.

In connection with studies2 of the transport
properties of the thallous sulfate-water system,
information concerning the variation of the activity
coefficient with concentration was required; ac-
cordingly a limited series of measurements of the
activity coefficient was undertaken, the results
of which are reported here as they have some
general interest and applicability.

For the concentration region of interest, a method
based on e.m.f. measurements has advantages,
and accordingly the cell

TI-Hg/TIS04HQ2S04 Hg
2 phase m

was used: this has ane.m.f., E, given by

e = e 3Ba g many-t

Here m is the molality of T12SOa4, y+ the stoichio-
metric mean activity coefficient on the molal
scale and the coefficient of the logarithmic term
has its usual significance. Measurements were
made between 0.005 and 0.10 m, the lower limit
being dictated by the characteristics of the HgZS 04
electrode34and the upper by the limited solubility
Of T12S0a.

Experimental

Materials.—Commercial thallous sulfate (BDH, Ltd.,
England) was twice recrystallized from conductivity water
and dried in vacuo over phosphorus pentoxide. Metallic
thallium was prepared by electrolysis, following the general
procedure of Richards and Daniels,5and mixed immediately
with the appropriate amount of mercury (twice redistilled)
to give a composition of approximately 57% TIl. The mix-
ture thus prepared was clearly two-phase (the solubility of
Tl in Hg is approximately 44% by weight6at 25°); it was
stored under boiled conductivity water. Mercurous sulfate

(1) Lister Institute of Preventive London
England.

(2) To be published shortly.

(3) G. N. Lewis and M. Randall, “Thermodynamics and the Free
Energy of Chemical Substances,” McGraw-Hill Book Co., Inc.,
New York, N. Y., 1923, p. 356.

(4) H. S. Hamed and R. D. Sturgis, J. Am. Chem. Soc., 47,
(1925).

(5) T. w. Richards and F. Daniels, ibid., 41,

Medicine, S.w. 1,
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1732 (1919).

was prepared in the form of an intimate mixture of the salt
and mercury by the method of Hattox and de Vries.6 It was
stored in the dark after th trough drying.

Solutions.—These were prepared by weight, employing
the appropriate air buoyancy corrections and density data.

The Cell for E.M.F. Determination.—The design of this
unit must allow a completely oxygen-free7solution of thallous
sulfate (of precisely known composition) to be placed in con-
tact with the thallium amalgam electrode: the latter reacts
instantly with atmospheric oxygen and so is normally
covered, if dry, by a black film of thallous oxide which im-
mediately dissolves on the addition of an aqueous solution.
The cell shown in Fig. 1 was therefore used; it is operated as
follows. The dry amalgam is placed in the bottom of the cell
compartment C through which a platinum wire E-I is
sealed (a tube, not shown, leads this directly to the potenti-
ometer terminals). The mercury-mercurou3 sulfate elec-
trode E-2 is then assembled separately with dry materials4
about 1 ml. of the T12504 solution to be used is then cau-
tiously added to it and all air bubbles removed by alternately
sucking and blowing with a capillary pipet. The electrode is
then inserted into the cell arm F, connection to the potenti-
ometer being made as before. The reservoir R (which holds
about 25 ml.) is then filled with the T12504 solution; by
opening the tap T-1 briefly, bubbles are removed from the
tube joining R and C and simultaneously the surface of the
amalgam in C is rinsed. Most of the solution in C is then
removed, but enough is left to cover the surface of the amal-

am. The remaining pans of the assembly are then put in
place, and all taps are shut. In this state the cell is trans-
ferred to the thermostat (T = 25.00 + 0.005°). and the
solution in R deoxygenated at constant composition by the
passage of purified hydrogen through a conventional pre-
saturating system. During this time taps T-l1 and T-4 are
closed, T-2 and T-3 open; after about half an hour T-3 is
closed and T-4 opened so ensuring that the cell is thoroughly
cleared of air As the junction of the tube D with the cell
occurs at apoint just above the surface of the amalgam, most
of the (slightly contaminated) solution left above the amal-
gam is displaced to D, from which itis removed. The amal-
gam is then rinsed four to six times with clean solution from
the reservoir; this is done by closing T-2 and T-4 and
opening T-1 and T-3, until the cell is half full, when T-1 and
T-3 are closed and T-2 and T-4 opened to displace the solu-
tion again to D. Finally the cell is filled completely by clos-
ing T-2 and T-4 and opening T-1 and T-3; if this is done
cautiously, there is no disturbance of the layer of mercurous
sulfate.

(6) E. M. Hattox and T. de Vries, ibid., 58, 2126 (1936).

(7) The sensitivity of the thallium amalgam electrode to atmos-
pheric oxygepheric oxygen has been discussed by G. N Lewis and C. L.
von Ende, 3. Am. Chem. Soc., 78, 4520 (1956).
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_The e.m.f.’s were measured with a precision vernier poten-
tiometer (Messrs. Pve, Ltd., Cambridge, England), which
could be read to 0.00001 v. The values of E obtained when
the cell was first completed were fairly stable, a slow and
roughly constant decrease with time of about 0.0001 v. per
day ensuing. As the value after, e.g.,3 days was not sensibly
changed by replacement of the liquid over the T1 amalgam
(the reservoir holds enough to allow for one such replace-
ment), it was assumed that the change with time was due
either to the spreading of grease from the taps over the elec-
trodes, or to gradual hydrolysis of the Hg204: in either
case, the initial stable value should be closest to the desired
reversible e.m.f. The values quoted are therefore those ob-
tained within the first 3 hours of completing the cells.

Results

The experimental results obtained in this work
are summarized in Table I, columns 1, 2, 5 and 6.

Table |
E.m.f. Data for the Cell Tl, T12504to), HgS04 Hg at
25°, and Derived Activity Coefficients
1 2 3 4 5 6 7
103 X 103 X
ma Eb y== a m E dd=c
5.404 1.1376e (0.85) 0.75 21.433 1.09900 0.58,
6.298 1.1332, C-82) 74 24561  1.09500 .56,
6.661 1.13170 ( .80) .73 34.212 1.0861, .510
7.465 1. 12877 (.78) 71 42.219 1.0805, 478
8.541 1.1246e ( .75) .70 50.047 1.0762, 451
10415 111940 ( .71) 68 63.000 1.0702, 418
12.639 1.113U .68s 79.552 1.0655s .374
15.663 1.1075, .640 101.012 1.0593s .346
° m values calculated on the basis of M = 504.85. blLast

figures quoted are probably not significant, due to reasons
discussed in Experimental section, but retained here to avoid
later accumulation of errors. ¢ Stoichiometric activity co-
efficient calculated on basis of E° = 0.9480; values in
parentheses may not be reliable. dCalculated from equa-
tion 4 (see text).

In order to calculate activity coefficients, a value
must be assigned to E°; it is not to be expected,
however, that any reliable extrapolation can be
made from the data of Table I. For an unsym-
metrical electrolyte, particularly one which exhibits
ion association, there is no form of activity coef-
ficient equation which can be used with confidence
at concentrations greater than 0.01 m, and the
e.m.f.’s obtained at concentrations below this are,
experimentally, the least reliable. In this situa-
tion the best course is to combine the literature
values for the standard potentials of Tl (satd.
amalgam), TI+ and Hg(l), HASCfiCs), SO04&.
This should be a valid procedure, in view of the
nature of the electrodes. The value for E° thus
obtained was 0.9480 v., on the basis of A°Ti(Hg), ti+
= 0.3339, and -P’HgHg!So4so4 = —0.6141 v., the
former being based on Lewis and Randall’'s8
figures of 0.3336-0.3340 v.9and the latter on data
of Shrawder, Cowperthwaite and La Mer.0D Al-
though Lewis and Randall's value depends on the
figure —0.2700 v. for the normal calomel elec-

tS) Ref. 3, p. 413.

(9) The thallous azide cell investigated by M. L. Brouty (Compt.
rend., 214, 258 (1942)) gave f?°TI(Hg).Tl+ = 0.3353 v., but this rests on
assigning the value E° — —0.2945 v. to the AgNi-Ag electrode, a
figure which is not yet confirmed. The value 0.3336 may be ob-
tained by combining the results of 1. A. Cowperthwaite, V. K. La Mer
and J. Barksdale (J. Am. Chem. Soc., 56, 544 (1934)) on the cell TI(s)
TICI(m) AgCKs), Ag with those of R. H. Gerke (Chem. Revs., 1, 377
(1924)) for T](s), TI(Hg) and H. S. Harned and R. W. Ehlers (J.
Am. Chem. Soc., 54, 1350 (1932)) for Ag(s), AgClI(s), 01“.

(10) J. Shrawder, I. A. Cowperthwaite and V. K. La Mer, J. Am.
Chem. Soc., 56, 2348 (1934).
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Fig. 1.—Cell for e.m.f. determination: W represents level
of water in thermostat; symbols and mode of operation are
explained in text.

m X 10.

Fig. 2.—Various representations of the e.m.f. data for
T12504: for curve | ordinate E°' = E + (3RT/2F) Inm —

(2.303RT/2F) 2A x/3dt>m; for curve Il E°' = E + {3RT/2F)
Inm - (2.303RT/2F) 2AV 3fW (I + BW3ckm) withd =
1.4 A., and for curve IIl, E°® — E + (BRT/2F)\n m —

(2.303RT/2F) ([2AV3m/(l + V3m)] - B'm}, with B' =
—0.93. (Values of the fundamental constants were obtained
fromref. 14,pp.468,469). ArrowatEQ' = 0.9302v.indicates
expected value from previous data. Points o in curve | are
from data of Ishikawa.

trode, a figure since revised to —0.2680,12 a
corresponding revision for the value cited above
for the thallium electrode is not indicated.1l This
value of E° was then substituted in equation 1,
when the stoichiometric activity coefficients shown
in Table I, columns 3 and 7, were calculated.

This E° value is, in fact, quite close to that ob-
tained by applying conventional extrapolation
proceduresisto the data (for the less dilute solutions)

of Table I: thus curves | and Il are based on the
Debye-Hiickel equationi4
log 7% = 2.4 \/3fflrfo 2
977 % 14 Bd-waindo (2)

(40 is the 15

(11) M. Randall and L. E. Young, ibid., 50, 989 (1928).

(12) D. ¢. Hills and D. J. . Ives, J. Chem. SOC., 318 (1951).

(13) See, e.g. H. S. Harned and B. B. Owen, “ The Physical Chemis-
try of Electrolytic Solutions,” 3rd Ed., Reinhold Publ. Corp., New
York, N. Y., 1958, pp. 431, 458 et seq.

(14) Numerical values of the constants A and B were taken from
R. A. Robinson and R. H. Stokes, “Electrolyte Solutions,” 2nd Ed.,
Academic Press, Inc., New York, N. Y., 1959, p. 468.

fensity of water at Using, respec-
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tively, d = 0.0 and ¢ = 1.4 A. (Higher, and thus
more realistic, values of d give lines of increasing
positive slope.) From curve I, the limiting value
at m = 01s 0.9299, while E’qu.q — (RT/2F)In 4 =
0.9480 — 0.0178 = 0.9302 v. Also shown on curve
I are three points obtained from the e.m.f. values
reported by Ishikawa!® for a cell apparently iden-
tical with the one investigated here: the agreement
is excellent. Finally curve III represents the for-
mulation for +. proposed by Guggenheim,!.17
which becomes for the case of a 1:2 electrolyte

24v3m
14+ 43m

the value of B’ used here (obtained by the method
of least squares) was —0.93.

In the case of curves IT and I1IT only those values
for m > 0.015 have been used: at lower concentra-
tions, these curves show a similar behavior to
that of curve I, where it is most evident that the
e.m.f. values for m lower than 0.015 lie progressively
further from the straight line. While one cannot
dismiss them solely on this score, the deviations
may indicate failure of the mercurous sulfate
electrode.

In attempting to assess the reliability of the
results in this region the following points must be
considered: (a) the concentration range in question
is well above that where the Hg,SO, electrode is
known to fail®4; (b) in the case® of Iny(SO4)s,
where failure of the Hg,SO, electrode was suspected
at concentrations around 0.01 m, spuriously high
values of F were obtained, and (¢) the effect of
ion association is as yet unestablished, but quali-
tatively is not incompatible with the shape of the
curve (¢f. Bates’™ results on CdBr,). With the
information at present available, no final decision
can be made concerning the results in this region,
but it does seem possible, at least, to specify the
degree of uncertainty: thus the linear relation of
curve I, extrapolated to the region 0.0 to 0.01m,
can be used to define activitv coefficients which
probably represent a lower limit. (In terms of
v+, this relation may be expressed simply as

—log v. = — B'm (3)

—log yo = V3m — 0.852m (4)

a form which is useful for approximate calculations,
as it represents the activity coefficient information
obtained, with an error not greater than 0.006 in
v+, form = 0.015 — 0.10.) The values in column
4 of Table I have been obtained from (4): the dif-
ferences are quite marked in the range 0.005 to
0.008 m.

The extrapolation procedure of Harned and Fitz-
gerald® demands data on the degree of dissociation
at low concentrations which cannot readily be ob-
tained from cells employing the Hg,SO, electrode.

(15) F. Ishikawa, Bull. Chem. Soc. Japan, 2, 294 (1927); see also
E. Cohen, F. Ishikawa and A. L. T. Moesveld, Z. physik. Chem., 105,
155 (1923).

(16) E. A. Guggenheim, Phil. Mag., 19, 588 (1935).

(17) E. A. Guggenheim and J. C. Turgeon, Trans. Faraday Soc.,
51, 747 (1955).

(18) M. H. Lietzke and R. W. Stoughton, J. Am. Chem. Soc., T8,
4520 (1956).

(19) R. Bates, tbid., 61, 308 (1939).

(20) H. 8. Harned and M. E. Fitzgerald, ibid., 88, 2624 (1936).
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Discussion

It is recognized that the activity coefficients of
thallous salts are lower than those, for example,
of the alkali metals (¢f. Robinson’s results?' on
TINOs, TIC1O,) and so far as comparison is pos-
sible, the results of this investigation bear out the
generalization (¢f. information on Li, Na, K sul-
fates summarized in ref. 13, p. 553). One explana-
tion for this behavior is that the thallous salts are
incompletely ionized in solution,?? and it would
be of considerable interest to see whether the results
of this investigation can help to decide whether
this is the case for T1,SO,. While a final answer is
not possible in the present state of electrolyte
theory, a preliminary interpretation may be made,
and is presented in the remainder of this paper.
Following Guggenheim,?® the criterion of incom-
plete ionization will be taken as the demonstration
that there occurs ion-association materially in
excess of that required by the Bjerrum?* theory of
electrostatic interaction.

In brief, the route is as follows: the Bjerrum
theory has been used to compute an expected value
of the equilibrium constant K for the reaction
TISO4~ = TI+ + SO,~, while an experimental esti-
mate of K has been derived by combining the re-
sults of this investigation with a model equation
for the activity coeflicients.

(a) The ‘Bjerrum value’ of K.—The sum of
the crystal radii for T1*+ and SO,~ ions must be
somewhat less than the mean ionic diameter, a,
in solution, so that the K obtained will represent
a lower limit: this is desirable from the viewpoint
of the comparison to be made. K is formulated as

K = [PBOCht _ mysta(l +0) o
[TH*[TISO4~ Jyn® yu¥(1 — @)
where the brackets represent actual ionic concen-
trations, i is the mean ionic activity coefficient
for T1+ and SO~ ions at the actual concentrations,
vn the same quantity for TI*+ and TISO,~ ions,
and « is the degree of dissociation for TISO,~.
At very low concentrations both 4’s and a — 1
so that K—!' = (1 — «)/2m. Taking a as 4.34
A% and applying the conventional form? of the
Bjerrum equation we obtain b = 3.29, Q) =
0.395, leading to the result K = 0.23 mole kg. 1.
(b) The ‘Experimental Value’ of K.—The
necessary relation between the operationally de-
fined stoichiometric activity coefficient v+ and the
hypothetical “real” mean ionic activity coefficient
of equation 5 is®

a? = all + a)ty? (6)

It is impossible to proceed without making an
assumption concerning the behavior of the activity

(21) R. A. Robinson, ibid., 59, 84 (1937).

(22) This interpretation presents some difficulties: the presence of
a covalent bond is normally inferred if a substance is incompletely
ionized, but in the case of TIOH no such bond could be detected by
Raman spectroscopy. Should the absence of covalent bonds be shown
generally, it would be necessary to place the thallous salts in a special
category in the classification of electrolytes. Cf. C. W. Davies, Disc.
Faraday Soc., 24, 83 (1957).

(23) E. A. Guggenheim, 1bid., 24, 53 (1957).

(24) N. Bjerrum, Kgl. Danske Vidensk. Selskab., 7, No. 9 (1926).

(25) L. Pauling, “Nature of the Ghemical Bond,” Cornell Uni-
versity Press, Ithaca, N. Y., 1939,

(26) Ref, 14, equation 14,2, p. 396.
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coefficients yu and yi2 In general, an equation of

the form
0.50 \dZ\ -

has-been used, where A and z, are the ion valences,
and" | is the “real” ionic strength given (for a
1:2 electrolyte) by

-log 7ij = c/] (7)

m(l + 2¢) ®)

The most frequently used choice of coefficients
(due to DaviesZ) isk = 1.0, C = 0.20. The general
use of (7) with these coefficients is open to criti-
cism on several grounds,232830 and indeed, on one
view, with A = 1, a value C = 1.3 is indicated.
Under these circumstances three sets of values of
a and K have been calculated for different choices of
the coefficients in (7). In (i) the values suggested
by Davies were used for both yu and yu] this set,
the results of which are shown in Table Il, columns
3 and 4, is thus directly comparable with previous

Table Il

Ittustrative Calculations of the Apparent Degree of

Dissociation and Dissociation Constant of TISO,-

Set (i) & Set (iii) &

Kc Kc X

m T+° a 102 a 102
0.003 0.809 0.93, 5.6
.010 .684 0.9b 10.3 .800 6.3
.020 592 .83, 8.3 .748 5.6
.060 423 ,6b 5.1 .002 4.0
.100 .345 m7s 4.0 37s 3.6

“ Values of 7=t have been calculated from equation 4 and
may therefore differ slightly from those interpolated from

Table I. bSet (i) obtained by use of ku = be = 1-0, Cn =
CP = 0.2; set(iii)fromkn = 1.4, be = 23,Cn = C\2= 0.
¢ Units are mole kg.-1.

data interpreted on the same basis. It is clear

from the table that a marked variation of K occurs
as m increases, and accordingly the values of a and
K quoted can have little significance. Set (ii) was
based on assigning the values An = ku = 1.0, while
Cn and Cn (denoting the coefficients used for yu
and yi2 were varied over the ranges —0.2—|]-0.7
and 0.0-1.5, respectively. For every combination
attempted the values of K varied somewhat with
m, but the extremes always lay in the range 0.11
to 0.02. The variation of K with m was consider-
ably reduced in combinations where Ch = 2Cn
(these have greater physical significance) and the
extremes were much less scattered (approximate
range 0.08-0.04). Set (iii) was designed to be con-
sistent with the use of the Bjerrum analysis to ob-
tain the “expected value” of K. Since this analy-
sis implies that all TI+ ions distant further than
71 A. (= q) from a given S04 ion are free and
obey the Debye-Hiickel expression, it is logically
necessary to use this distance (or its equivalent in
terms of k) in interpreting the experimental data
to determine whether or not it is in agreement with
the Bjerrum model.3a Thus the values kn = 1-4,

(27) C. W. Davies, J. Chem. Soc., 2093 (1938); asummary of results
is given by this author in “The Structure of Electrolytic Solutions,”
John Wiley and Sons, Inc., New York, N. Y., 1959.

(28) P. M. G. Brown and J. E. Prue, Proc. Roy. Soc. (London),
A232, 320 (1955).

(29) W. G. Davies, R. J. Otter and J. E. Prue, Disc. Faraday Soc.,

24, 103 (1957).
(30) H. A. c. McKay, ibid., 24, 80 (1957).
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k2 = 2.3, Cn = Cx2 = 0, were used3l; the results
of this set aie shown in columns 5 and 6 of Table
Il. It is evident that while some variation of K
with m remains, this is not extreme, and a reason-
able extrapolation to K = 0.06 may be made:
thus this choice of parameters allows a satisfactory
and reasonably self-consistent interpretation to be
made, and more confidence can be placed in the
values of a and extrapolated K. (The remaining
variation may be ascribed to the neglect of small
linear terms in the equations for yu and y12 it is
not expected that an equation with a single ad-
justable parameter should be applicable over such
a wide variation of /. 'Moreover, the calculations
evidently embody two steps where a small change
in yn produces a large effect on K.)

It seems safe to conclude that K can be stated
as 0.06 = 0.05, for within these limits the value is
independent of the choice of the parameters k and
C over the wide range tried. It is probable that
these limits are unduly wide, but this is unimportant
with respect to the comparison to be made: it is
sufficient that the experimental results give K
values significantly lower than the “Bjerrum value.”
It is therefore to be inferred that ionic association,
beyond that considered by this theory, muss occur.
(This conclusion is also implied by the magnitude
of the term B' in equation 3; when B' = —0.97,
the coefficient/3(T1-S04 = —0.80. The limitcor-
responding to ordinary “Bjerrum-type” interaction
does not seem to be well established for 1:2 elec-
trolytes.) In the terms of the definition adopted,
T12504is therefore incompletely ionized in aqueous
solution at 25°.

This conclusion, and the numerical magnitude of
K, are in general agreement with previous results:
thus Bell and George2 found K = 0.042 from
measurements of the solubility of T1103in K204
solutions, K being constant over the “real” ionic
strength range 0.002-0.08 (i.e., comparable with
the first three rows of Table I1). Bell and George
used k = 1, C = 0.2 throughout, but in view of the
lower ionic strength range the value of C is less
important. The lack ot closer agreement between
their result and the comparable figures o: Table
Il may not be significant, in view of the rather
different nature of the experiments, particularly
the fact that solubility studies are necessarily
conducted in mixed electrolyte systems.

The only other comparable information on the
TbSOu-HoO system comes from the spectrophoto-
metric study by Panckhurst and Woolmington33:
although marked departures from Beer's law were
found (indicative of ion-association), the limits of

(30a) Cf. ref. 14, p. 412.

(31) The use of values of k different from unity is allowable in three-
ion systems of one solute component, but cannot be extended to mixed
electrolyte systems (E. A. Guggenheim, “Thermodynamics,” North
Holland Publishing Co., Amsterdam, 1950, p. 313). At the higher |
values the form cf the curve given by k = 2.3, (7=0, differs quite
markedly from that for k = 1.0, C = 1.3, while the two curves for yu
are essentially identical.

(32) R. P. Bell and J. H. B. George, Trans. Faraday Soc., 49, 619
(1953); see also earlier work of asimilar nature by H. E. Blayden and
C. W. Davies, J. Chem. Soc., S49 (1930), which gave K = 0.038;
E. C. Righellato and C. w. Davies, Trans. Faraday Soc., 26, 592
(1930), obtained K — 0.047 from conductivity measurements.

(33) M. H. Panckhurst and k. G. Woolmington, Proc. Roy. Soc.
(London), A244, 124 (1958).
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K could not be defined. Quoting “K” values of
0.125 and 0.087 for t = 1, and C = 0.2 and 0.4,
respectively, as being compatible with the experi-
mental data, they emphasize34 that no significance
can be attached to values whose magnitude is de-
termined by the choice of C; it is evident that their
results, while indicative of a higher K than was
found by Bell and George, are not inconsistent, with
the results of this investigation. Presumably an
interpretation of the conclusion (i.e., of incomplete

(34) cf. O. Redlich, chem. Revs., 39, 342 (1946).
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ionization) must be sought either in terms of molec-
ular structure or of inadequacy of the Bjerrum
approximations.
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The zeta potentials of chrysotile (asbestos) and lizardite were measured using the streaming potential method.

It was

found that chrysotile had an equilibrium zeta potential of +93 mv., compared to +2 muv. for lizardite, a non-fibrous ser-

pentine mineral.
as in more acidic media the potentials were positive.
tile and 9.6 for lizardite.
both minerals.

with chrysotile.

The pH had a large effect on the potentials; highly alkaline solutions produced negative potentials, where-
The isoelectric points (zero potentials) were at a pH of 11.8 for chryso-
Additions of sodium silicate resulted in reversals from positive to negative zeta potentials with
Similar concentrations of sodium carbonate and sodium phosphate decreased but did not reverse the polarity

This study was undertaken in an attempt to characterize the surface properties of these two serpentine

minerals which may lead to a better understanding of their singular and mutual behavior while in aqueous suspensions.

Introduction

Chrysotile (asbestos) and lizardite are two
minerals in the serpentine group which have strik-
ingly different physical and chemical properties.
Both are hydrated magnesium silicates [Mg6
(OH)&i401 varying only slightly in chemical
composition but having vastly different crystal
structures. Much research on the chemical and
structural properties has been reported in the
literature. The present study was undertaken
to determine the surface electrical properties of
these minerals, and the effects of pH and some elec-
trolytes on these properties. This information
may be of value in understanding and controlling
the behavior of these minerals in agueous suspen-
sions.

The streaming potential method was selected
to measure the zeta potentials because of recent
interest in that method and the noteworthy infor-
mation derived bv several investigators utilizing
this technique. The recent discovery and solu-
tion to the problems of irreproducible data arising
from electrode flow polarization effectsl further
satisfied the authors as to the usefulness of the
method.

Experimental Methods and Materials

The streaming potential method consists of streaming a
liquid through a porous plug of solids held between two elec-
trodes and measuring the potential difference between the
ends of the plug. The zeta potential can be calculated from
the streaming potential data by the equation2B in which

(1) G. L. Zucker, Sc.D. thesis, Columbia University, 1959.

(2) D. W. Fuerstenau, Sc.D.
Technology, 1953.

(3) L.A. Wood,J. Am. Chem. Soc., 68, 432 (1940).

thesis, Massachusetts Institute of

\Y —Asr> EX
r- —u X-

y is the viscosity, e the dielectric constant, E the streaming
potential, X the specific conductivity, and P the applied
pressure difference. In aqueous solutions at 25°, the equa-
tion becomes

r= - 0097 X p mv.

where E is the streaming potential in millivolts, P is the
driving pressure in centimeters of mercury, and X the spe-
cific conductance of the solution within the plug in micro-
mhos/cm. Experimentally these three have to be measured.

In these experiments, the non-fibrous serpentine was a
closely sized 35 X 48 mesh and the chrysotile was in a
fibrous form having a larger surface area and smaller pores
in the plug. The chrysotile also exhibited a greater surface
conductance than the lizardite. These two factors would
tend to lower the zeta potentials measured for chrysotile.s4
However, the data obtained can still be interpreted satis-
factorily.

The streaming potential and gas purification apparatus
used were similar to that described by Fuerstenau.46
The cell, Fig. 1, consisted of a Pyrex tube 1.90 cm. in in-
ternal diameter in which is mounted a perforated bright
platinum disc of the same diameter and 0.10 cm. thick.
The electrode had twenty perforations 0.05 cm. in size and
the face was covered with 80 mesh platinum gauze. A
duplicate electrode was constructed on the face of the
inner member of a 24/40 glass joint. The electrodes were
6.70 cm. apart in parallel planes. Before use the electrodes
were removed from the plug soaked in hot concentrated
hydrochloric acid, washed, steamed, fired and washed
before silver plating in silver cyanide solution at low cur-
rent density. This coating was anodically chloridized in
hydrochloric acid. A solution of 10~6N potassium chloride
was used as the streaming liquid. The streaming potentials
were measured with a d.c. battery electrometer designed
by Professor A. O. Nier, University of Minnesota. It

(4) D. W. Fuerstenau, This Journal, 60, 981 (1956).
(5) D. W. Fuerstenau, Tran». A.I.M .E., 203, 834 (1956).
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incorporated an electrometer tube with a maximum of 10-14
ampere and an input resistance of a million megohms (1012
ohms). The instrument was direct reading and eliminated
the necessity for a d.c. potentiometer bridge circuit and
provided for measuring currents of 10-12 ampere even at
voltages of 1000 mv. Triply distilled conductivity water
was' used to make up all solutions, and all solutions were
bubbled with nitrogen to remove carbon dioxide and oxy-
gen. Nitrogen passed through KOH, alkaline pyrogallol
and water scrubbers was used as the driving gas for the KC1
solution in the apparatus.

The chrysotile came from the Lake Asbestos of Quebec
Mine in the Thetford region of Quebec, Canada, and is con-
siderad a “semi-harsh” type. The sample was fiberized in
a Mikro Samplmill which did not grind the fibers down to
a small particle size. Samples checked with a Stone dif-
ferential thermal analysis unit (D.T.A.) and Chevenard
thermobalance (T.G.A.) did not indicate the presence of
other minerals. A typical chrysotile X-ray pattern was
obtained. Approximately 2.5 g. was used for each run.

The non-fibrous serpentine also came from the Lake
Asbestos orebody. Pieces were broken from a large chunk,
ground in the Samplmill and screened to obtain a sample
of 35 X 48 mesh particles. The 35 X 48 mesh sample was
passed through a Frantz Isodynamic Separator to remove
those particles containing magnetite. D.T.A. and T.G.A.
indicated approximately 3% brucite, Mg (OH)2 was present.
An X-ray pattern was obtained and indicated that the
sample was “ lizardite.”

Experimental Results

Preliminary Measurements.—The zeta poten-
tials of the minerals were obtained as 10 6 N potas-
sium chloride was swept through the packed samples
in the cell. Chrysotile and lizardite each had a
relatively high positive potential initially which
decreased as the solution streamed through.
Chrysotile reached an equilibrium potential of +93
mv., compared to + 2 mv. for lizardite.

pH and Zeta Potentials.—The effect of pH on the
zeta potential was determined by changing the
pH of the streaming solutions by additions of
hydrochloric acid and sodium hydroxide. Two
samples of each mineral were used, one for the
acid and the other for alkaline additions. The
curves for chrysotile and lizardite (Figs. 2 and 3)
are similar in that highly alkaline solutions pro-
duced negative potentials, whereas in more acidic
media the potentials were positive. However,
the isoelectric point with lizardite was at a pH of
approximately 9.6 compared to 11.8 for chrysotile.
Chrysotile exhibited a very sharp rise in potential
when the pH was dropped from 7 to 3; further low-
ering of the pH caused a sharp decrease in the po-
tential. Lizardite showed a gradual decrease in
potential as the pH was lowered from 8 to 3.

Polyvalent lons.—Chrysotile and lizardite were
tested adding increasing concentrations of sodium
silicate to the streaming solution. The results are
shown in Fig. 4. At low concentrations of sodium
silicate both minerals had positive potentials,
but as the concentration of silicate increased the
positive potentials decreased and then reversed
to negative values. The pH of the solution in-
creased with the silicate additions, but the final
pH at 10-2 mole per liter was still below the iso-
electric pH for chrysotile. The zeta potential
at this concentration of sodium silicate was a nega-
tive 30 mv. Two further tests were run with
chrysotile adding 10-2 mole per liter each of sodium
carbonate and sodium phosphate to the streaming
solution. Both produced a decrease in potential,
but no reversal of sign.

Asbestos Ore Body Minerals
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Fig. 2.—Zota potential of chrysotile as a function of pll.

Discussion

Since chrysotile and lizardite are approximately
the same in chemical composition [Mg6OH)hR
Sn01j, the differences noted in this study are
probably due to other factors. Chrysotile is
believed by some to be in the form of hollow tubes
several hundred Angstroms in diameter with
magnesium hydoxide as the outer layer and sili-
con-oxygen as an inner _ayer.6-9 Lizardite is con-
sidered to be plat}' with layers of magnesium
hydroxide and silicon-oxygen. The very sharp
increase in potential obtained with chrysotile as
the pH was decreased from 7 to 3 may be due to the
removal of hydroxyl ions by the acid leaving mag-

(6) J. Hillier and J. Turkevich, Anal. Chem., 21, 475 (1949).

(7) W. Noll and H. Kircher, Naturwissenschaften, 37, 540 (1950).

(8) T. F. Bates, L. B. Sand and J. F. Mink, Science, 111, 512
(1950).

(9) T. F. Bates, Circular No. 51, Col. of Mineral Industries, Penn-
sylvania State Univ., 21 (1958).
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Fig. 3—"ieta potential of lizardite as a function of pH.

Concn. of electrolyte, moles/1.

Fig. 4.—Effect of sodium silicate on zeta potentials of
ehrysotile and lizardite (lower curve).

nosium ions exposed on the surface. In contrast,
a gradual decrease in potential resulted with lizar-
dite as acid was added decreasing the pH below
8.0. This indicates that the magnesium-hydroxyl
layers in the lizardite are not as exposed to the
action of the hydronium ion compared to chryso-
tile. Much lower conductivities in acid solutions
were observed with lizardite. The results obtained
are in agreement with reported data on the higher
acid resistance of platy serpentine with relation to
ehrysotilel01l and the differences noted in titration
behavior.2 The very steep decrease in potential
obtained with ehrysotile as the pH is dropped from
>to 2 may be due to the completion of the leaching
of the magnesium hydroxide leaving a hydrated
silica.

Pundsack13 found that highly alkaline solu-
tions produced negative potentials with ehrysotile,
whereas in more acidic ones the potentials were
positive. The streaming potential measurements

(10) B. Nagy and T. F. Bates, Am. Mineralogist, 37, 1055 (1952).

(11) B. Nagy and G. T. Faust, ibid., 41, 817 (1956).

(12) F. L. Pundsack and G. Reimschussel, This Journal, 60, 1218
(1956).

(13) F. L. Pundsack, ibid., 69, 892 (1955).
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indicate an isoelectric pH of 11.8 compared to
10.1 reported by Pundsack, whose value was in-
ferred from turbidity measurements on suspensions
of finely ground ehrysotile. The pH at minimum
turbidity was called the isoelectric point. The
streaming potential method did not require fine
grinding of the sample and the measurements were
made on a sample similar in its fibrous character-
istics to that, of commercially produced fiber.

The differences in the isoelectric pH’s measured
for ehrysotile and lizardite, 11.8 and 9.6, respec-
tively, may play a part in the suspension behavior
when these two are together. In the pH range
from 9.6 to 11.8, ehrysotile has a positive potential
and lizardite is negative, and the tendency would
be toward flocculation. If the pH is adjusted to a
value below 9.6 or above 11.8, both would have
potentials of the same polarity, a condition tending
to produce dispersion.

The reversal of the zeta potential polarity from
positive to negative with the addition of sodium
silicate (Fig. 4) indicates that the silicate ion in
solution is specifically attracted and held to the
solid surface by chemical as well as electrostatic
forces. Other electrolytes, such as sodium phos-
phate and sodium carbonate, reduce the value of
the zeta potential by compression o: the double
layer, but do not reverse the polarby. The re-
versal produced by the sodium silicate indicates
that this electrolyte may be useful in controlling
the behavior of asbestos in agueous suspensions,
since flocculation and dispersion, precipitation of
other ions or molecules on the surface, etc., are to a
large extent dependent on the zeta potentials of
the particles.

Since both ehrysotile and lizardite are silicates, it
is reasonable to assume that the silicon- oxygen
portion of the crystal structure may influence the
potentials measured. If this assumption is cor-
rect, the inference then may be made that the
potentials measured are the resultants of the two
portions of the minerals, the magnesium-hydroxyl
and silicon-oxygen layers. Results obtained with
other minerals indicate the silicate would tend to
produce negative potentials. Therefore, the fol-
lowing is a possible explanation for the considerably
higher positive potentials obtained with ehryso-
tile: The greater exposure of the magnesium
hydroxyl outer layer surrounding the silicon-oxy-
gen in ehrysotile produces high positive potentials.
In contrast, the more intimate mixing of the layers
in lizardite allows the silicon-oxygen layer to have
a larger effect on the potential, relative to ehryso-
tile, tending to decrease the magnitude of the posi-
tive potentials.

Acknowledgment.—The authors wish to ac-
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Arbiter, School of Mines, Columbia University,
for his counsel on streaming potential measure-
ments; and to Dr. Max Hollander of American
Smelting and Refining Company foi his helpful
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A new thermochemical laboratory for making precise calorimetric measurements of heats of reaction was assembled.
Measurements were made of the heats of combustion of the cis and trans isomers of hexahydroindan (hydrindan) in the liquid

state.
liquid and gaseous states.

I. Introduction

A new thermochemical laboratory for making
precise calorimetric measurements of heats of
reaction was assembled. Measurements were made
of the heats of combustion of the cis and irans
isomers of hexahydroindan (hydrindan), with the
energy equivalent of the calorimeter system being
determined with standard benzoic acid. These
data, along with values for the heats of vaporiza-
tion, permit calculation of the heats of formation
and isomerization of the two isomers for both the
liquid and gaseous states. The relation of energy
with the molecular structure of the two isomers
is discussed.

The thermochemical method employed is the
substitution method in which a standard calorim-
eter is used as the absorber and comparator of
two kinds of energy, one of which is the heat
evolved in the combustion of a measured amount
of the reaction of combustion of the “unknown’
and the other of which is the heat evolved in the
combustion of a measured amount of the reaction
of combustion of standard benzoic acid.

II. Calorimetric Apparatus

The calorimeter is one available commercially.? The
general design was made at the National Bureau of Standards
by Prosen and Rossini and is a modification of the original
Dickinson design,* the important difference being that the
container for the calorimeter can is sealed and immersed
in the jacket water during the experiment.

The water jacket, containing approximately 38 liters of
water, is maintained near 30.1° at a constant temperature
within a few thousandths of a degree by means of an auto-
matic regulator system.

The calorimeter can, supported on three pointed Lucite
pins, contains in each experiment a standard amount of
water (4450.00 £ 0.02 g.), the stirrer, platinum resistance
thermometer, heater and the bomb with its contents. The
stirrer is operated at approximately 300 r.p.m. with a flexible
shaft drive from a synchronous motor.

The calorimeter heater, which fits snugly on the bomb,
is similar to the one described by Prosen and Rossini®
and was made of a cylinder of 26 gage copper, 7.8 cm. in
diameter and 6.4 cm. in height.

The thermometric system included a platinum resistance
thermometer of the regular flat calorimetric type,® a Type
(-2 Mueller resistance bridge,t a high sensitivity galvanom-

(1) This investigation was supported in part by a grant from the
National Science Foundation. Submitted in partial fulfillment of the
requirements for the degree of Doctor of Philosophy in Chemistry at
the Carnegie Institute of Technology.

(2) Du Pont Fellow in Chemistry for 1952-1953.

(3) Catalog No. 3028, Precision Scientific Company, Chicago, Il-
linois.

(4) H.C, Dickinson, Bull. Bur. Standards, 11, 189 (1915).

(5) E. J. Prosen and F. D. Rossini, J. Research Natl. Bur. Stand-
ards, 27, 289 (1941).

(6) Catalog Numbers 81604, 8069, and 2284-C, respectively, Leods
and Northrup Company, Philadelphia, Pennsylvania.

Values were calculated for the heats of combustion, formation and isomerization of the two isomers for both the

eter,’ and a lamp and scale assembly. The thermometric
sensitivity is such that 1 mm. on the scale corresponds to
about 0.0003° when the current through the platinum re-
sistance thermometer is 5 milliamperes.

III. Chemical Apparatus

The oxygen combustion bomb’ is a commercially avail-
able modification of the bomb previously described by Pro-
sen and Rossini,® and had an internal volume of 380 ml.
Important features of the present bomb are the Teflon
head gasket and valve packing, the inlet tube and electrodes
made of 109 iridium—platinum, and the provision of
snap-on fittings at the inlet valve and of standard taper
fittings at the outlet valve. A short section of platinum
wire was attached to each electrode. The twelve headless
steel set serews in the cap were tightened with a calibrated
torque wrench.

The chemical train for purifying the oxygen and filling
the bomb is quite similar to the one previously described,
and includes the following: A, oxygen cylinder; B, pressure
gage, needle valve, and safety valve assembly; C, high-
pressure steel tube, electrically heated and filled with copper
oxide to oxidize combustible impurities in the oxygen;
D, high-pressure steel cooling coil, immersed in water; K,
high-pressure steel purifying tube, filled with Ascarite to
remove all carbon dioxide from the oxygen; F, Bourdon-
type pressure gage; G, the combustion bomb; H, a flow
meter. The temperature of the heated oxidizing tube was
measured with a chromel-alumel thermocouple.

The chemical train for analysis of the products of combus-
tion is similar to that previously described® and includes the
following: A, cylinder of oxygen used for flushing the train;
B, a two-stage pressure regulator; C, a Pyrex-glass pressure
safety trap, containing mercury; D, an electrically heated
furnace, with quartz tube containing copper oxide to oxi-
dize combustible impurities in the oxygen; E, a Pyrex-
glass purifying tube containing Ascarite, to remove carbon
dioxide; F, the combustion bomb; G, a flexible glass coil,
to facilitate transfer of the bomb into or out of the train;
H, a Pyrex-glass absorption tube, to remove water, contain-
ing anhydrous magnesium perchlorate backed with phos-
phorus pentoxide; I, a Pyrex-glass weighed absorption
tube, to remove carbon dioxide, which contains Ascarite,
backed, in order, with anhydrous magnesium perchlorate
and phosphorus pentoxide; J, a duplicate of D; K, a dupli-
cate of H; L, a duplicate of I; M, a Pyrex-glass guard tube
containing, in order, phosphorus pentoxide, anhydrous
magnesium perchlorate and Ascarite, to prevent back dif-
fusion of water vapor or carbon dioxide; N, a flow meter.
The safety-trap, C, prevents excessive build up of pressure
in the train while oxygen from the cylinder is flowing and
facilitates adjustment of the needle valve to the setting re-
quired for the proper rate of flow of oxygen during the flush-
ing period. The temperature of each furnace is measured
with chromel-alumel thermocouples, with the power to
the furnace being controlled with a variable transformer.

The absorption tube is the same as that previously de-
scribed,® with a cylindrical body in place of the former U-
tube. The absorption tubes were flushed out and filled
with helium free of water vapor and carbon dioxide before
each weighing, in a train designed to avoid contamination of
the absorption tube and its contents.

(7) Catalog No. 1002, Parr [nstrument Company, Moline, Illinois.
(8) E.J.Prosen and . D. Rossini, J. Research Natl. Bur. Standards,
33, 255 (1944).
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IV. Calorimetric Procedure

Ignition was accomplished by the use of standard iron fuse
wire, 5 cm. in length, weighing approximately 8 mg. The
total ignition energy was about 0.02% of the heat evolved
in a calorimetric combustion experiment.

The procedure followed in the calorimetric combustion
experiments was substantially the same as previously de-
scribed.68 A standard mass of water, 4450.00 + 0.02 g.,
was used in each experiment. 1.00 ml. of water was placed
in the bottom of the bomb before each combustion experi-
ment.

The calorimetric observations were divided into the usual
three parts: a “ fore” period of 20 minutes, with observations
of the steady state being made every 2 minutes; a ‘‘reaction’’
period of 16 minutes, in which the combustion occurred,
followed by re-establishment of the steady state; and an
“after” period of 20 minutes, with observations of the
steady state being made every 2 minutes. In the first five
minutes of the “reaction” period, observations were re-
corded of the time, to the nearest hundredth of a minute,
at which the resistance of the thermometer attained certain
preselected values.

The value of ARg, the corrected increase in temperature of
the calorimetric, system, expressed as the increase in resist-
ance in ohms of the given platinum thermometer at the mean
temperature of 29°, as measured on the given resistance
bridge, was determined substantially as previously de-
scribed.69 Although the nature of the substitution method
employed makes it unnecessary, formal calculation was
made of the contribution to the rise of temperature from
stirring, etc., and the heat flow from the jacket to the calor-
imeter. The contribution from stirring, etc., was taken as
n ohms/min., the total contribution for an entire experi-
ment, for the reaction period of 16 minutes, being

U = 16 n ohms (1)

The heat leak constant was taken as k ohms/min .-ohm, or
A-/min., the total contribution for an entire experiment,
for the reaction period of 16 minutes, being

K = kA ohms (2)

where A is the area, in ohm-minutes, between the curves of
the calorimeter resistance and the jacket resistance, from
the 20th to the 36th minute.

The corrected temperature rise is then given by

A7?, = (R® —Rio) — K — U ohms (3)

The value of Arn, the rise in temperature produced by the
heat evolved in the formation of a small amount of nitric
acid, according to the reaction

\ N,(g) + 2 EM)(lig) + \02(g) = HNO3Jaq) (4)

was calculated from the amount of nitric acid formed,
using the value 59 kj./mole for the heat evolved in the
formation of dilute aqueous nitric acid in the bomb process.68

V. Chemical Procedure

The compounds measured in the present investigation were
APT Research hydrocarbons made available through the
API Research Project 44 at the Carnegie Institute of Tech-
nology. These samples had the purities in mole per cent.:
ris-hexahydroindan, 99.95 + 0.02; frans-hexahydroindan,
99.71 + 0.11. The purification and determination of
purity of these samples already has been described.

The ampoules in which the hydrocarbon material was
sealed prior to combustion were similar in dimensions to
those previously described,6 but were made with one open-
ing instead of two. Details of these ampoules and the filling
of them are described elsewhere.ll The average mass of
the ampoules used in the present investigation was 0.23 g.

For combustion in the bomb, the filled and sealed glass
ampoule was laid on one of its two flat sides in the crucible.
The iron fuse wire, 5 cm. in length, was placed with its
central coil 1 to 2 mm. distance from the upper flat side of
the ampoule. An alternating current at 21 volts from an
ignition unit12 supplied the energy for ignition of the fuse

(9) F. D. Rossini, J. Res. Natl. Bur. stds., 6, 1 (1931).

(10) A. J. Streiff, A. R. Hulme, P. A. Cowie, N. C. Krouskop and
F. D. Rossini, Anal. Chem., 27, 411 (1955).

(11) H. F. Bartolo and F. D. Rossini, T his Journal, in press.

(12) Catalog No. 2901, Parr Instrument Company, Moline, Illinois.
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wire. Alter a combustion, the glass of the ampoule was
found in the bottom of the crucible in the form of one or
more globules, varying from clear to dark in appearance.
As discussed previously,6the heat effect associated with the
darkening was believed to be not significant.

The oxygen used for the combustion was ordinary com-
mercial oxygen, freed of combustible impurities as previously
reported5with the apparatus described in Section 111 of this
paper. The initial pressure of oxygen for each experi-
ment, corrected to 25°, was 30 atmospheres.

The products of each hydrocarbon combustion experi-
ment were examined to determine the amount of carbon di-
oxide formed in the main reaction of combustion in the bomb,
the amount of aqueous nitric acid formed by oxidation of
some of the nitrogen in the oxygen used for combustion, and
the amount of carbon dioxide formed by subsequent oxi-
dation of any products of incomplete combustion. The
products of each benzoic acid combustion experiment were
examined only to determine the amount of aqueous nitric
acid formed. In each case, the detailed procedures were
substantially as previously described.6

The mass of carbon dioxide collected in each hydrocarbon
combustion experiment was near 2.8 g., on the average.
It has been shown previously*'18that no significant amount
of nitric acid is lost from the bomb during the removal of
the carbon dioxide.

The absorption tubes were handled as described previ-
ously,9 and were weighed on a keyboard type analytical
balanceX using as a counterpoise a substantially identical
absorption tube, closed, containing some glass beads and a
fixed mass of air. The counterpoise tube had a total mass
of about 135 g., approximately the same as that of the
working absorption tube before absorption of carbon di-
oxide. The weights used on the balance pan were brass,
while those added from the keyboard were gold with some
smaller ones in aluminum. The following expression was
used to obtain the true mass (in vacuo) of the carbon dioxide
absorbed

m(C02 = 1 + 0.00007 A’n(total) — 0.00014Am(brass) —
0.00007 Am(gold) — 0.00044Am(aluminum) (5)

In this equation, A?n(total) is the total mass of the brass
and keyboard weights (after absorption) minus the total
mass of the brass and keyboard weights used in the first
weighing (before absorption). The factor 0.00007 by which
Am(total) is multiplied corrects for the decreased amount
of helium present in the tube at the second weighing because
of expansion of the Ascarite in the amount of 0.45 cm.3
per g. of carbon dioxide absorbed.1l5 The last term in the
foregoing equation is negligible because the largest alumi-
num piece was 0.03 g.

The amount of reaction in a given calorimetric hydro-
carbon combustion experiment was determined from the
mass of carbon dioxide collected in the given experiment,
as determined above. For conversion to moles of hydro-
carbon, the molecular weight of carbon dioxide was taken as
44.010 g./mole.

The small amount of nitric acid formed during the com-
bustion experiment was determined, after the removal of
the gaseous products of combustion from the bomb, hv care-
fully washing the inside of the bomb with wa'er and titrat-
ing the aqueous solution with standard 0.01 N aqueous so-
dium hj'droxide using phenolphthalein as the indicator.

VI. Data of the Present Investigation

The energy equivalent of the calorimeter, for
the temperature interval 28 to 30°, was determined
by burning NBS Standard Sample benzoic acid,
No. 39g, in the bomb, using the value 26433.8
joules per gram mass for the heat of combustion
of this sample under the conditions of the standard
bomb process at 25° with appropriate corrections
for the differences between the actual and standard
bomb processes. The results of the calibration
experiments are shown in Table I. The symbols

(13) R. S. Jessup, J. Research Natl. Bur. Standards, 18, 115 (1937).

(14) Type TC, No. 25877, Wm. Ainsworth and Sons, Denver,
Colorado.

(15) F. D. Rossini, J. Research Natl. Bur. Standards, 6, 37 (1931).
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Table |
Results of the Calibration Experiments with Benzoic Acid
Mass of i Deviation
benzoic K, u, Affe, Ei, from mean,
Expt. acid, g. min.-1 ohm ohm ohm 9i. j- ga j. j.Johm j.Johm
1 1.54125 0.001611 0.000836 0.000186 0.198207 87.5 17.7 206041 + 32
2 1.53741 .001592 .000839 .000037 .197685 S8.9 2.2 206001 - 8
3 1.54049 .001588 .000857 .000046 .198075 89.3 1.5 200005 - 4
4 1.54020 .001578 .000846 .000136 .198061 90.1 9.1 206023 + 14
5 1.54273 .001601 .000861 .000067 .198415 8S. 1 10.6 205990 -19
6 1.54051 .001589 .000838 .000056 .198123 8S.4 9.0 205991 -18
Mean 206009
Standard tion of the mean +8
Tabte Il
Results of the Combustion Experiments on «.ssHexahyeroindan (ctssHydrindan)
Mass of CO2 Dev.
formed, k. , U, ARc, Ari, Arn, B, from mean,
Expt g min._1 ohm ohm ohm ohm ohm ohm/g. CO2 ohm/g. CO2
1 2.763873 0.001581 0.001024 0.000082 0.191717 0.000431 0.000009 0.0692107 +0.0000196
2 2.876832 .001602 .000772 .000120 199481 .000432 .000010 .0691920 + .0000010
3 2.892734 .001602 .000793 .000187 .200562 .000430 .000012 .0691853 - .0000057
4 2911151 .001581 .000813 .000208 201751 .000419 .000010 .0691607 - .0000304
5 2.718551 .001595 .001066 .000123 .188577 .000438 .000011 .0692064 + .0000153
Mean 0.0691910
Standard deviation of the mean +0.0000089-

at the heads of the columns are defined as follows:
ARc the corrected increase in temperature of
the calorimeter system, expressed as the increase in
resistance in ohms of the given platinum resistance
thermometer at a mean temperature of 2S°, as
measured with the given resistance bridge; A\
the heat evolved, in absolute joules, by the ignition
process of heating and burning the iron wire;
ga = the heat evolved, in absolute joules, by the
formation of the small amount of nitric acid in the
combustion; Ei the energy equivalent, over the
temperature interval 28 to 30°, of the initial
calorimeter system used in the calibration ex-
periments, obtained as the ratio (—AE + qi +
gn)/ARO, where —AE is the heat evolved by com-
bustion of the given mass of benzoic acid under
the conditions of the experiment.

The mean value of the energy equivalent E; is
for an initial system containing a benzoic acid
pellet having a mass equal to the mean of the
masses of the pellets used in the experiments.
However, the desired energy equivalent for the
hydrocarbon experiments is that for a system con-
taining no pellet, but containing instead a mass of
soft glass equal to the mean mass of the glass
ampoules used in the hydrocarbon experiments.
The following expressions were used in calculat-
ing the desired energy equivalent, Es;

E,i = Ei - A>(l2lm, - 0.711mg) ©)

Here, D number of degrees Celsius (centi-
grade) equivalent to one unit of the temperature
scale used (9.93 degrees per ohm for the thermo-
metric system used in our experiments): ms
the mean mass, in grams, of the pellets of benzoic
acid used in the calibration experiments (1.54 g.);
mg = the mean mass of the soft glass ampoules
used in the hexahydroindan experiments (0.233 g).
In the above equations, E\ and Es\are expressed
in joules per onm. With the value of Ei equal to

+

206009 8 joules per ohm, the value of 205992
+ 8 joules per ohm was ootained for Esi.

The results of the combustion experiments on
m-hexahydroindan and frems-hexahydroindan are
shown in Tables Il and Ill. The symbols at
the heads of the columns are defined thusly:
An = the increase in temperature of the calorimeter
system, expressed as the increase in resistance hi
ohms of the platinum thermometer, produced by
the ignition process of heating and burning the
iron wire; Arn the increase in temperature of
the calorimeter system, expressed as the increase
in resistance of the platinum thermometer, pro-
duced by the formation of the small amount of
nitric acid in the combustion; B [(ARc —
An — Arnl/mcodJU + (C + 8)/Eg]; mco,
the mass of carbon dioxide formed in the combus-
tion of the hydrocarbon; C the heat capacity
of the amount of hydrocarbon placed in the bomb,
expressed as joules per ohm increase in resistance
of the given platinum resistance thermometer:
8 = a correction term, too small to be significant
in this series of experiments, expressed as joules
per ohm increase in resistance of the given plati-
num resistance thermometer, to take account of
(a) the variations in mass of the glass ampoule
from the “standard” value of 0.233 g.,, and (b)
variations in the mean temperature of an experi-
ment from the standard value of 29c.

VII. Heats of Combustion, Formation and Isom-
erization of the cis and trans Isomers of Hexa-
hydroindan

In Table IV are presented the resulting values
of the standard heats of combustion of the cis
and trans isomers of hexahydroindan from this
investigation. There are given the values of the
constant B for 30°, in ohms per gram of carbon
dioxide formed, —AJ?b, the heat evolved in the
bomb process at 30° in Kkilojoules per mole of
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TasLe IIT
Resurrs or THE CoMBUSTION EXPERIMENTS ON {rans-HEXAHYDROINDAN (frans-HYDRINDAN)

M?ginggoz k K U, ARe, Ari, Arn, B, froxg)z'e.an,

Expt. g. ’ min, ~! ohm ohm ohm ohm ohm ohm/g. CO: ohm/g. CO:
1 2.816677 0.001727 0.001061 0.000086 0.195195 0.000431  0.000026 0.0691424  —0.0000101
2 2.904492 .001594 .000786 .000067 .201336 .000399 .000026 .0691775 4+ .0000250
3 2.854443 .001684 000913 .000054 197772 .000427 .000024 .0691326  — .0000199
4 2.743043 .001597 000954 .000195 .190191 .000428 .000024 .0691757 4 .0000232
5 2.813633 .001612 .000912 .000154 .194959 .000430 .000024 .0691344  — .0000181

Mean 0.06915256  .........

Standard deviation of the mean ==0.0000100

TasLE IV

VALUES" oF THE STANDARD HEATS 0OF COMBUSTION FOR ¢is-HEXAHYDROINDAN (cis-HYDRINDAN) AND {rans-HEXAHYDROINDAN
({rans-HYDRINDAN)

B — AEB, — AR —AHY —AH
Compound at 30° at 30°, at 30°, at 30°, at 25°,
Name Formula State ohm/g. CO: kj./mole kj./mole kj./mole kj./mole keal./mole
cis-Hexahydroindan CsH;s Lig. 0.0691910 5645.39 5643.30 5653 .38 5655.10 1351.60
(¢is-hydrindan) +0.0000178 £+ 1.52 =+ 152 £ 152 =+ 152 <+ 0.36
trans-Hexahydroindan CyH;;  Liq. 0.0691525 5642.25 5640.16 5650.24 5651.99 1350.86
(trans-hydrindan) £+0.0000200 =+ 1.69 =+ 1.69 =+ 1.69 = 1.69 == 0.40

@ All the uncertainties in this table are equal to twice the

hydrocarbon’ —AE% the decrease in internal
energy for the ideal reaction at 30°, with all
reactants and products in their standard states;
—AH° the decrease in heat content (or heat
evolved in the ideal combustion at constant pres-
sure) for the ideal reaction at 30°; and —AH" for
the ideal reaction at 25°. The recorded values of
—AE" and —AH? apply to the reaction, with each
substance in its standard state

CeHio(liq) + 1304(g) = 9COx(g) + 8H:O(lig) (7)

The correction which was applied to —AEg in
obtaining —AE® was calculated by the method of
Washburn, !¢ using, where possible, values for 30°,
and taking advantage of more recent expressions
for the solubility of oxygen and carbon dioxide
in nitric acid solutions.’” The value for this cor-
rection was —0.0379, or + 2.09 kj. per mole for
both isomers. Conversion from —AE° to —AH?,
at 30°, involved + 10.08 kj. per mole for —A(PV)°.
Conversion to —AH® at 25° involved + 1.72 kj.
per mole for cis-hexahydroindan and +1.75 kj.
per mole for {rans-hexahydroindan. The over-all
uncertainty assigned to each final value of the heat
of combustion of a compound was taken as the
square root of twice the resulting standard deviation
of the mean, including both the combustion ex-
periments and the calibration experiments.!®

Values for the standard heat capacities (at 25°)
of Oy(g), CO:(g) and H.O(liq), as well as values
for the standard heats of formation (at 25°) of
CO,(g) and H,O(lig), were obtained from the
tables of the API Research Project 44.9 The
values in joules were converted to the defined

(16) E. W. Washburn, ibid., 10, 525 (1933).

(17) W. N. Hubbard, D. W. Scott and G. Waddington, Txis Jour-
NAL, 568, 152 (1954).

(18) F. D. Rossini and W. E. Deming, J. Wash Acad. Sei., 29, 416
(1939).

(19) F. D. Rossini, K. 8. Pitzer, R. L. Arnett, R. M. Braun and
G. C. Pimentel, “‘Selected Values of Physical and Thermodynamic
Properties of Hydrocarbons and Related Compounds,” Carnegic
Press, Pittsburgh, Pennsylvania, 1953.

standard deviation.

thermochemical calorie using the relation: 1
calorie = 4.184 (exactly) joules.

Table V gives the values for the standard
heats of formation of the two isomers for both the
liquid and gaseous states. For the latter values,
use is made of the values of heats of vaporization
at 25°, calculated from vapor pressure data, with
some extrapolation.? For the heats of vaporiza-
tion at 25°, the values are 11.00 =+ 0.30 and 10.70
=+ 0.30, keal./mole, respectively, for the cis and

TAaBLE V
VaLuks oF THE STANDARD HEeATs oF FORMATION AND
ISOMERIZATION OF cis-HEXAHYDROINDAN AND {rans-HEXA-
HYDROINDAN

Heat of
isomern.
(referred
to the
Heat of trans-
formation, isomer)
AHY%gg.16, AH%g3.10,
po Compound — keal./ keal./
Name Formula  State mole mole
cis-Hexahydroindan CyHis  Liq. —41.41 0.74
+ 0.36 =+0.52
cis-Hexahydroindan CyHis  Gas —30.41 1.04
+ 0.47 =+0.53
trans-Hexahydroindan CgH,s  Liq. —42.15 0.00
+ 0.40
trans-Hexahydroindan CyH,g Gas —31.45 0.00
+ 0.50
trans isomers. The difference in the heats of

vaporization is taken as 0.30 = 0.10 keal./mole.

VIII. Results of Previous Investigation

Only one report of the heats of combustion of
cis- and trans-hexahydroindan has appeared in the
literature, and that as an incidental part of an-
other investigation,?® with Becker and Roth?!

(20) D. L. Camin, Chemical and Petroleum Research Laboratory,
Carnegie Institute of Technology, unpublished data.

(21) W. Hiickel, E. Kamenz, A. Gross and W. Tappe, Ann., 533, 1
(1937).
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reported marking three combustion experiments
with each of the compounds. From their meager
data, one calculates a value of All = +1.5
0.9 kcal./mole for the heat of isomerization, in
the liquid state, of the tram isomer to the cis
ison\er. Because of a number of uncertainties, it is
difficult to recover an absolute value for the heat of
combustion of the isomers from the little informa-
tion supplied. Within the limits of uncertainty,
the heat of isomerization derived from Becker
and Roth2l is in accord with the value from the
present investigation.

IX. Discussion

The data of the present information yield
AH° = 1.04 % 0.53 for the heat of isomerization
of the trans isomer to the cis isomer in the gaseous
state at 25°, making the trans isomer more stable.
As discussed by a number of investigators, 2223
a five-membered cycloparaffin ring and a six-
membered cycloparaffin ring may be fused to-
gether through two adjacent carbon atoms com-
mon to both rings either through (a) one equatorial
and one axial bond or (b) two equatorial bonds.
In the former case, the cis isomer of hydrindan is
formed and in the latter case the trans isomer. It
is expected that, on the basis of the conformation,
the trans isomer would be more stable energeti-
cally, that is. have a lower energy content, as shown
by the experimental data. However, without
other complicating factors, a simple substitution
of one equatorial bond for one axial bond, in going

(22) W. G. Dauben and K. S. Pitze.r, Chapter in “Steric Effects in
Organic Chemistry,” M. S. Newman, Editor, John Wiley and Sons,

Inc.. New York, N. Y., 1956.
(23) E. L. Eliel and C. Pillar. 3. Am. Chun. Soc., 77, 3(300 (1955).
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from the cis isomer to the trans isomer, should give
a difference of energy nearly twice that observed.
As previously pointed out.223 the explanation lies
in the fact that the six-membered ring requires
some distortion in order to bring together the
desired bonds for the fusion of the two rings.
This distortion is not much for the cis isomer but
is appreciable for the trans isomer. This intro-
duces additional strain which keeps the energy
of the trans isomer from becoming as low as it
might otherwise become, and hence makes the
difference in energy of 'he two forms less than
originally expected. Similar considerations may
be inquired into in the ease of (a) the cis and trans
isomers of decahvdronaphthalene. formed by a
like fusion of two six-membered cycloparaffin
rings, and (b) the cis anc trans isomers of bicvclo-
[3.3.0]octane. formed by a like fusion of two five-
membered cycloparaffin rings.

McCullough and co-workers2t have measured
calorimetrically the entropies of the cis and trans
isomers of hexahvdroindan and find the entropy
of the cis form to be greater than that of the trans
form by 1.68 + 0.10 cal./deg. mole, for the liquid
state at 25°. From this value, and the heat
of isomerization determined in the present investi-
gation, the standard free energy of isomerization
of the trans form to the cis form is calculated to be

M'Sss-16 = 0.24 + 0.52 kcal./mole (8)

This result indicates tha:, within the limits of un-
certainty. the two isomers have substantially the
same free energy in the liquid state at 25°.

(24)
homa. private communication.

NOTES

EFFECT OF A NOBLE GAS OX THE
LABELING OF n-1IEXAXE BY EXPOSURE
TO TRITIUM

By A. Y. Mottlau

Esso Research a/td Engineering Company, Linden, New Jersey
Received September 16, 1060

When the tritiated products from the labeling of
liquid n-hexane by exposure to tritium gaslwere ex-
amined in this Laboratory with a radio-assaying gas
chromatograph, the proportion of labeled com-
pounds in the C6 fraction was found to be con-
siderably less than that reported by Riesz and Wilz-
haeh2 using only gaseous n-hexane. Table I com-
pares the two sets of data.

It can be seen that in our work not only was there
less labeling of the C6 fraction but also a much
greater amount of the tritium ended up in the heav-
ier fractions. Our sample handling procedure did
allow some small loss of compounds lighter than Ch

-1) K. K. Wilzbaeh. ... Am. cl,rm. S.... 79, loin .1957>.
t-) P. Riesz and K. E. Wilzbaeh, T his .loi.knai.. 62, 4t1958).

T abue 1

Variation in Tritiated Product Yiei.d
Distribution of radioactivity in fractions, \,

Physica
Source state Ce- Ce Ce Cs c.
Kiesz and Wilzbaeh  (HE 48 27 ) 11 5
This work (lasand
liqguid 30 155 10 10,5 11

" During exposure to tritium.

due to evaporation, but the effect of this on prod-
uct distribution was quit?small.

There appear to be oi ly two differences between
the labeling procedures used by Riesz and A\ilzbaeh
and by ourselves important enough to account tor
the quite different yields of tritiated Ce obtained:
(1) In the former work the hydrocarbon was en-
tirely in the vapor state: in ours both liquid and
vapor phases were present. (2) The tritium used
by Riesz and Wilzbaeh contained 50% helium-3:
ours contained much less than 10rc.

The possibility that helium could have had an ef-
fect on prod let distribution seemed worth investi-

J. P. McCullough. U. S. Bureau of Mines, Bartlesville, Okla-
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gating. The noble gases, argon and helium, have
ionization potentials higher than those of T2 and 71
hexane. They can therefore ionize, by charge
transfer, either of those molecules. Furthermore,
the noble gases possess metastable states having
lives comparable to ions. These metastable atoms
can ionize ?i-hexane on collision.  Argon rather than
helium was chosen for this study because, having a
higher density, it would absorb a larger fraction of
the /3-ray energy and thus enhance energy-transfer
effects, if any.

Into each of three ampoules was introduced 1.0
ml. of 7i-hexane (Research Grade) and 150 mm. of
tritium. One of the ampoules was sealed without
argon; to the second and third were added 150 and
300 mm. of argon, respectively, before sealing. The
150 mm. of tritium represented an activity of three
curies. After the ampoules had been shaken for
2 weeks at room temperature the hexane and the
radiolysis products were frozen with liquid nitrogen
and the fixed gases were pumped off. To minimize
the evaporation loss referred to in the earlier ex-
periment, the samples were chilled with Dry Ice
during handling.

Tritium distribution, as C§ lighter than C6 and
heavier than Cs, was determined for each of the
samples using the radioassaying gas chromato-

graph. This instrument is similar to that used by
Riesz and Wilzbach.1 The results are summarized
in Table II.
Table |1
Argon Sp. act. P Millie fries-------- *
mm. Tritium dist., % (me./ by fractions
Hg Ci- C. c? ml.) Cs- Ct C-thru
thru Cio Cio
0 39 18 43 71 28 13 31
150 27 25 48 92 25 23 44
300 29 25 46 53 15 13 24

The data indicate that argon dilution does in-
crease by almost 40% (from 18 to 25%) the pro-
portion of tritium incorporated in the Cs fraction.
Also the specific activity of the product is increased
from 71 to 92 me./ml. Note that the distribution
obtained in the sample without argon dilution is
substantially the same as that obtained in our
earlier experiment, shown in Table I. This indi-
cates satisfactory experimental reproducibility.

Doubling the amount of argon in the system
causes no further improvement in the tritiation
selectivity. Furthermore, there appears to be an
optimum concentration beyond which a serious
reduction in the total amount of tritiation is ex-
perienced; note the sharp drop in the specific ac-
tivity of the total product when the argon content
was doubled.

The effect of argon on the distribution of tri-
tiated products can be more easily visualized by
studying the total millicuries of labeled hydrocar-
bons formed in each fraction, also given in Table
Il. These values were obtained by multiplying the
specific activity of each sample by the tritium dis-
tributions. It appears that a 1:1 argon-to-tri-
tium dilution has little effect on the CVcompounds
formed; a slight reduction is indicated. The Cii
and heavier compounds are markedly increased,
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however. A further dilution with argon to 2:1
causes a pronounced and proportional decrease in
tritiated products in each fraction.

The beneficial effect of argon in the system is
probably related to the characteristics of its ions
and metastable atoms. When tritium and he.xane
are sealed in an ampoule without argon, the /3-en-
ergy is dissipated by the formation of ions and ex-
cited molecules of both constituents and by loss to
the wall. In the case of a continuously wet wall as
in the present system, wall loss should be small.
When argon is present in the system, the /3-energy
is again spent in the formation of ions and excited
molecules but now part of these are the ions and
long-lived metastable atoms of argon. The former
quickly ionize either T2 or CeHh by charge trans-
fer and the latter ionize only CeHis because the en-
ergy of the metastable argon atom (11.6 e.v.) lies
between the ionization potentials of n-hexane (10.4
e.v,) and ID (15.6 e.v.). One effect, then, of argon
addition is to increase the ratio of ionized to excited
reactants in the system.

Another probable effect of argon addition is to
increase the proportion of energy supplied to the
tritium. Lampe, et al.,3found the ionization cross
section (by 75 volt electrons) of argon to be three
times that of hydrogen, normal hexane to be almost
twenty times that of hydrogen. If we assume these
values to be at least roughly representative of the
ionization cross sections by tritium A-rays, argon
would increase the proportion of energy supplied to
the tritium as a result of the reactions

Ar+ + T2— > ArT+ + T

It is to be noted that, in addition to the formation
of the molecule-ion containing tritium, this reaction
produces tritium atoms that could also contribute
to the labeling process. An increased concentra-
tion of tritium ions and atoms in the system might
be expected to be a contributing factor to the al-
tered product composition observed with argon
addition.

The increased yield of labeled products with ar-
gon addition, coupled with the observations of
Stevenson and Schisslers on the ready occurrence of
ion-molecule reactions and of Thompson and
Schaeffers on their role in the radiation-induced ex-
change between Il2 and D2 lend support to the hy-
pothesis that ion-molecule reactions contribute to
the formation of labeled products in the present
process.

The decrease in product yield with increase in ar-
gon concentration beyond an optimum can be ex-
plained on the basis of an increasing probability of
metastable atom decay and ion neutralization before
a useful collision (one leading to product forma-
tion) has occurred.

The use of hexane in the liquid state in this
work - compared to the vapor phase work by Riesz
and Wilzbach—also has an effect. Using gaseous
hexane, only about 25% of the fixed tritium is

(3) F. W. Lampe, J. L. Franklin and F. H. Field, 3. Am. Chem. Soc
79, 6129 (1957).

(4) D. P. Stevenson and D. O. Schissler, J. Chem. Phi/s.. 29, 282
(1958).

(5) S. O. Thompson and O. A. Schaeffer, 3. Am. Chem. Soc.. 80, 553
(1958).
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found in the heavier-than-Cs fraction. Using liquid
hexane, this fraction amounts to 48%. It is to be

expected that the cage effect in the liquid phase
would lead to the formation of labeled products of
higher molecular weight.

Acknowledgment.—Helpful discussion with Dr.
K. E. Wilzbach on the reaction mechanisms in-
volved in this work is gratefully acknowledged.

AN APPROXIMATE METHOD FOR MEASUR-

ING THE SELF-INTERACTION CONSTANT

OF NON-ELECTROLYTES IN TWO-COM-
PONENT SOLVENTS:

Bt Ernest Grunwald2and George Baughman

Chemistry Department, Florida State University, Tallahassee, Florida
Received November 1S, 1959

For moderately dilute solutions of a non-electro-
lyte in a solvent of fixed composition, the molal
activity coefficient y, of the non-electrolyte may be
expressed as a function of its molal concentration
m\ by equation 1

In7i = Kiirii (1)
In typical cases, the constant fa is negative and
may be regarded as an approximate measure of the
self-interaction of the non-electrolyte in the given
solvent.

Long and McDevit, in their analysis of activity
coefficients of non-electrolytes in aqueous salt
solution, have concluded that the term K\m, is
in general not negligible.s However, experimental
values of fa are available only for relatively few
systems, largely because of experimental diffi-
culties. This is particularly true for non-volatile
non-electrolytes. Here the measurement of fa
is extremely difficult except at the freezing point
or boiling point of the solvent.

For this reason, we have tried to find a more
convenient method for measuring kj. Some years
ago we reporteds a modification of the dynamic
method of vapor pressure measurements which
permits the precise determination of the activities
of the solvent components in two-component sol-
vents containing non-volatile solutes. We now apply
this method, in conjunction with solubility data,
to obtain fairly accurate estimates of fa for non-
electrolytes in two-component solvents.

Method

We shall consider a solution consisting of two
solvent components, 1 and 2, and a solute com-
ponent, 3. It is convenient to express the solvent
composition by the mole fractions 2\ and Z2ZX =
1 — Zi), where Z2 = n¥/(nx + n32, and nxand n2
are mole numbers. Furthermore, it is convenient

(1) Work supported by the Office of Naval Research. Reproduc-
tion in whole or in part is permitted for any purpose of the United
States Government.

(2) Alfred P. Sloan Fellow, 1959.

(3) (a) F. A. Long and W. F. McDevit, Chem. Revs., 51, 119 (1952);
(b) W. F. McDevit and F. A. Long, J. Am. Chem. Soc., 74, 1090
(1952).

(4) (@) A. L. Bacarella. A. Finch and E. Grunwald, T his Journal,
60, 573 (1956); (b) E. Grunwald and A. L. Bacarella, J. Am. Chem.
Soc., 80, 3840 (1958).

(5) E. W. Washburn and E. O. Heuse, ibid., 37, 309 (1915).

Fig. 1—Plot of In (Vi/m:) for naphthalene as a func-
tion of molal concentration; 50.00 wt. % dioxane-water
solvent, 25.00°.

to write the partial molal free energy of the solute
in the form of equation 2, where F3fis the standard
partial molal free energy {on the molal scale).

F, = Famf+ RT INm, + RT Iny, )

We define 73 so that RT In 73 approaches zero
as n% approaches zero at constant solvent com-
position. By virtue of this definition, FA is a
function of the solvent composition, and In 73 is
given by equation 1. Thus we obtain

U = FinP + RT Inm3+ k3n3 (3)

In attempting to measure fa, we proceed as
follows. First, we measure the molal solubility
s3 as a function of Zx Since, for the saturated
solution, F3 = Fs(solid), dF3dzi = o, and dif-
ferentiation of equation 3 leads to equation 4

—d Ins3 1 dF3 , , dins3, 4
—dzZT RT dzi + 3% dz, + 3dz, )

The three terms on the right in equation 4 have

been arranged in sequence of decreasing order of

magnitude. If the smallest term, ss(dfcs/dZi),

be neglected, equation 5 is obtained for fa.
dP,nf/dzi 1

S + RT d Ins3dz,J ®)

The value o: dFsn°/dZ, required in equation 5 is
obtained from vapor pressure data. As reported
elsewhere,« the quantity

in aa*
Gz~
can be obtained with good precision by the dy-
namic vapor pressure method, where

a] = activity of component 1in a soin, consisting of the
solute and the two-component solvent of com-
position Zi

<4* = activity of component 1 in the two-component

solvent of composition Zi, in the absence of solute

and analogous definitions apply for a2and a2*.
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T abte |
T hermodynamic Data FOR N aTMITHALE?SF AND 1-NAPHTHOIC ACID IX THF. SYSTEM D joxanf.- W ater, 25°
wt. % 6 In st dins
dioxane 2, si(m) 0Z1 dzi dzi 3
Naphthalene
46.519 0.8500 0.04014 -21.46
50.000 .8302 .0614" - 21.59 - 21.53* 18.85 -2.03
54.422 .8100 .0950
1-Xaphthoic Acid
40.00 .8800 .05071" —24.0,3
50.00 .8302 .1678" -15.34 -20.25* 18.4.3 -0.536
60.00 .7653 .4541¢
46.319 .8500 . 1056 -22.17
50.000 .8302 .1638 -18.64 -20.42* 18.43 -0.595
53.422 .8100 .2387

“ Reported by A. F. Butler.7 bCalculated on the assumption that d In s3/dZt varies linearly with Zi in this interval-
Note that, in the case of 1-naphthoic acid, the size of the interval has been more than doubled without significant effect on

the calculated derivative.

Upon substitution of equation 1 in equation :.
of reference 4b and integration at constant Z1 we
obtain

r 1 dF3? “q
R4
Lffr dZi
rkin3/2 + (dA3dz,)m,V2 (6)

where r = (/i — Mmv and mn = ZAU +
Z..1/2 The three terms on the right in equation
have been arranged in sequence of decreasing order
of magnitude. If the third and smallest term be
again neglected, we have an equation involving
only experimental quantities and the two param-
eters, (d F~/dz, — rRT)/RT and 7%c/2.

Although in principle «s is obtainable from vapor
pressure data alone via equation s, in practice the
term rkam 3 /2 barely exceeds the experimental error
even at moderate solute concentrations. On the
other hand. dF3i/dZi is obtained with good pre-
cision and differs sufficiently from r 7 d In s3dZj
in equation 5 so that k3 can be derived with reason-
able accuracy. In computing dFWdZi and ks via
equations 5 and s , it is best to use a method of suc-
cessive approximations. In the first approximation,
the term rkam /2 isneglectedin (: ). The resultant
value of dUimVdzZi leads to a first estimate of ks
via equation 5, which is then used to obtain a second
estimate of dF3i/dZi via equation s, and so on.
Convergence is rapid.

To illustrate the use of this method, some data
for naphthalene and .-naphthoic acid are given
in Table 1. The method fails to be satisfactory
only if excessive curvature of the plot of In s
rs. z | makes it difficult to evaluate the derivative.
In the case of naphthalene, it is possible to evaluate
ks by an independent method, since the partial
pressure of this substance is sufficiently large for
precise measurement. Experimental values of
In(p:/m3 are plotted rs. »n3 in Fig. 1 for naphtha-
lene in 50.00 wt. % dioxane -water at 25°. The
slope of this line, which is equal to ks has been
evaluated by the method of least squares as —2.18,
in excellent agreement with the value of —2.03
obtained by the approximate method in Table |

Experimental

The purification of dioxane, water, naphthalene and 1-
naphthoic acid, and the apparatus used for the dynamic
vapor pressure measurements, have been reported else-
where.47 Values of (aiOc*/ (kUi*) were calculated from the
mass ratios of the vapor condensates,4due correction being
made for the volatility of 1-naphthoic acid (almost negligible)
and naphthalene (significant’. The concentrations of these
substances in the vapor condensates were measured spec-
trophotometrically.

Solubilities were measured in sealed ampoules under a
nitrogen atmosphere in order to prevent changes in solvent
composition during the long shaking periods (48-96 hours)
required for saturation. All measurements were made in
thermostats maintained at 25.00°.

pressure of pure solid naphthalene is 0.087=) mm. at 25° (“Inter-
nation Critical Tables,” Vol. 11l, p- 208).

) A. F. Butler, Ph.D. Thesis, Florida State University, Talla-
hassee, 1956.

THE EFFECT OF PRESSURE ON THE
MELTING POINTS OF ISOTACTIC
POLYPROPYLENE AND POLYETHYLENE
OXIDE

By L. R. Fortune and G. N. Malcolm

University of Otago, Dunedin, New Zealand
Received December 7, 1959

The determination of the entropies of fusion of
isotactic vinyl polymers is of considerable interest as
a means of examining their molecular structure. If
these substances possess comparatively stiff mo-
lecular chains. their entropies of fusion should be
fairly small. However the entropy of fusion of
isotactic polypropylene recently has been found to
be 5.8 + 0.2 e.u. per mole of crystalline repeating
units. which is almost as large as the value 5.85 e.u.
which has been reported for polv-(ethylene oxide -
But both these entropy values include not only the
change of configurational entropy on melting but
also the entropy of volume change on melting .
Only if this latter quantity can be determined will a
comparison of the changes of configurational entro-
pies on melting be possible -

(1) G. Gee, I*roc. Chem. tloc. (London), 111 (1957).
(2) F. Danusso, G. Morasrlio and E. Flores, Atti. Acc. naz. IAncei,

() The accuracy of the data plotted in Fig. 1is supported by the Rend. Classe Sci. fis. mat. nat., 25, 520 (1958).

following comparison: If the linear relationship of In(p,/ma) rs. mi is
extrapolated slightly to ms = sa the vapor pressure of naphthalene
in the saturated solution is found to be 0.0874 mm. The vapor

(3) L. Mandelkern, J. Appl. Phys., 26, 443 (1955).
(4) P. J. Flory, “Principles of Polymer Chemistry,” Cornell Univ.
Press, Ithaca, N. Y., 1953, p. 575.
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The entropy of volume change on melting is given
by the expression AS = (dP/d'f)VAI where
(bP/AT)v is the thermal pressure coefficient of the
polymer at its melting point and AUUis the volume
change on melting per mole of crystalline repeating
units. The latter quantity is related to the total
entropy of fusion by the Clapeyron-Olausius equa-
tion

dTmdP = AVJAS, (1)

where Tmis the temperature of melting.

We report here some measurements of the effect
of pressure on the melting points of isotaitic poly-
propylene and poly-(ethvlene oxide) from which
the volume changes on melting have been calcu-
lated by means of equation 1. Measurements of
the thermal pressure coefficients of these polymers
are being made at the present time.

Experimental

Apparatus.—The polymer sample was melted into a glass
tube which was placed with its open end dipping into a pool
of mercury inside a steel pressure bomb. The bomb was
connected through a pressure gauge to a compressor which
consisted of a cylindrical steel chamber into which a thin
rod was inserted through a packing gland. The rod could
be screwed into or out of the cylinder, and its exact position
could be observed through a travelling microscope. The
bomb containing the polymer was placed inside a large well-
lagged aluminum heating block which could be maintained
at any temperature up to 250° to within +0.1°. After
assembly the apparatus was evacuated and filled with
freshly distilled water. The pressure was raised to the re-
quired value by screwing the rod into the compressor, after
which the aluminum block was heated to some convenient
starting temperature and the system allowed to reach equi-
librium. A small adjustment in the pressure was made if ne-
cessary after equilibrium had been attained. Subsequently
the temperature of the block was raised in small steps and
the increase in volume of the contents of the pressure bomb
caused by thermal expansion was counteracted by winding
the rod out of the compressor so that the pressure in the sys-
tem remained at the required value. Plots were made of
the position of the rod against temperature and showed a
sharp decrease in slope at the melting point. The tempera-
ture was raised extremely slowly through the last ten degrees
below the melting point and was kept just below the melting
point for 12 to 24 hours to allow equilibrium to be attained.
The temperatures were read to 0.1° and the pressures to
within 5 p.s.i.

Materials.—The isotactic polypropylene was kindly sup-
plied by I.C.I. Plastics Division, Welwyn City, England, and
the poly-(ethylene oxide) by Messrs. Oxirane Ltd. of Man-
chester, England. The number average molecular weight
of the polv-(ethylene oxide) was given as 5000.

Results

The melting points of the two polymers were de-
termined at pressures of 19, 95.5, 190 and 380 at-
mospheres. At least three experiments were per-
formed at each pressure and gave results which
agreed with one another within 0.5°. The ob-
served linear dependence of the melting points on
pressure can be represented closely by the equations

Tm= 171.0 + 0.040(P — 50), isotactic polypropylene (2)

and
Tm= 02.0 + 0.021(P - 50), polv-(ethylene oxi(.e) (3)

where Tisin °C. and P is in atmospheres.

The results for isotactic polypropylene extrapo-
late to a melting point at atmospheric pressure of
169° which is lower than either of the values 174.5
and 176° reported by Danusso, Moraglio and
Flores2 for two of their samples of this polymer.
Although care was taken to hold samples at tem-
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peratures just below the melting point for prolonged
periods it was not possible to obtain melting points
higher than those shown in the figure. Small dif-
ferences between the melting points of different
samples of isotactic polymers also have been ob-
served by Krigbaum, Carpenter and Newman5who
obtained values for isotactic polystyrene about 6°
lower than those reported bv Danusso and .Morag-
lio. According to a recent discussion by Coleman6
it is possible that these differences in melting points
arise from small differences in the degree of chain
regularity of the different samples of the isotactic
polymers.

The results for poly-(ethylene oxide) give a melt-
ing point at atmospheric pressure of 61°. A value
of 66° for this polymer has been reported by Man-
delkern,3 but this was for a sample with a number
average molecular weight of 10,000 whereas the
molecular weight of the present sample was only
5000.

From equations 2 and 3 the values of the pressure
coefficients of the melting point are 0.040 deg.
atm.-1 for isotactic polypropylene and 0.021 deg.
atm.-1 for poly-(ethylene oxide). Combination of
these values with the entropies of fusion23 accord-
ing to equation 1 leads to values of the volume
changes on melting shown in Table I.

Table |

The Volume Change on Melting per Mole of Crystal-
line Repeating Units, AUU

Polymer AFu, cc.
Polypropylene (isotartic) 9.6
Poly-(ethylene oxide) 5.1

The value of AU, obtained for poly-(ethylene
oxide) is very close to the value 5.7 cc. which has
been estimated for linear polyethylene.7 The much
larger value of AFUfor the isotactic polypropylene is
interesting in view of the unexpectedly large value
of the entropy of fusion which was found for this
polymer. Further discussion of these results will
be possible when the thermal pressure coefficients of
the polymers have been determined.

We wish to thank Professor Gee of Manchester
University, England, for helpful discussion of these
results.

(5) w. R. Krighaum. D. K. Carpenter and r
Journal, 62, 1586 '1958).

(6) B. 1). Coleman, J. Poly. sci, 31, 155 (1958).

(7) F. A. Quinn and L. Mandelkern, 3. aAm.
(1958).

Newman, T his

chem. snc., 80, 3178

INFLUENCE OF ETHANE ON THE
POLYMERIZATION RATE OF
ETHYLENE

THE

Ry Chita Eden and Hans Feilchenfei.d

Petrochemistry Laboratory of the Research Council of Israel and of the
Department of Phys cal Chemistry. Hebrew University, Jerusalem, Israel

Received December 11, 1959

While working on the polymerization of ethylene
in the presence of TiCIrrAKO-J LA catalyst it was
found that ethane has an inhibiting effect. This
effect proved tj be reversible.

The experiments were carried out in the absence
of a solvent at a temperature of 21°. The reaction
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Partial pressure of hydrogen (pH2), mm.
0 200 400 000 800

Partial pressure of ethane (p2, mm.
Fig. 1.—(a)## - , the inverse of the apparent rate con-
stant of polymerization of ethylene as a function o: the partial
pressure of ethane, catalyst, TICIZAI(C2H5H3; (b) OO --------- ,

Vol. 64

for chemical reasons that ethane will not be
adsorbed more strongly than ethylene, it should
follow that also for a mixture of ethane and
ethylene the fraction of the occupied catalyst
sites must be small; both K\)\ and
should be small as compared with 1, and the
constant b in equation 2 should tend to o ; this
is in contradiction with the experimental evi-
dence.

The ethane effect can be explained if it is
assumed that the true rate constant for the
polymerization of ethylene is larger than that
for the adsorption of ethylene. The number
of active sites occupied by ethylene may then
be smaller than that occupied by ethane even
if A£ is not greater than Ki.

This qualitative argument can be put into
a quantitative form: In the steady state the
rate of adsorption of ethylene must equal the
sum of the rates of desorption and polymeriza-
tion. If suffix 1 signifies ethylene and suffix 2
ethane, a the rate constant of adsorption, /3the
rate constant of desorption and ki the true rate
constant of polymerization of ethylene on the
catalyst then

‘b A) —@ oi  02)0f\”\
Ofh = @ —oi —Qijjaipr
Solving the two simultaneous equations for 61
Th

O‘:
. N H !
HrorPiY e+ oai )

where K = a/(3 The first order of the re-

the inverse of the rate of polymerization of propylene as a  action for pure ethylene proves that

function of the partial pressure of hydrogen as calculated from
results published by Natta, et alA

followed a first-order law with regard to ethylene
P
T = Api (1)

This is in accord with earlier works in which a
solvent was used.1m

The apparent rate constant k was found to be a
function of the partial pressure of ethane (p2 and
to obey the law (Fig. 1a) (2).

Nz as e ()

It has been customary to attribute inhibition by
gases not participating in the reaction to competi-
tion for adsorption sites.s In the present case this
explanation cannot be true in this simple form and
needs some further elaboration. For, the first-
order implies that most adsorption sites are vacant.
It should therefore make little difference that ethane
molecules also occupy a few sites. This can easily
be seen from Langmuir’s isotherm

KiPi

' i i (3)
1+ Ap + KtPi
where di is the fraction of catalyst surface occupied
by ethylene molecules. Since it must be assumed

(1) G. Natta, I. Pasquon and E. Giachetti, Angeic. Chem., 69, 213
(1957).

(2) H. Feilchenfeld and M. Jeselson, T his Journal, 63, 720 (1959).

(3) K. J. Laidler, "Kinetic Laws in Surface Catalysis,” in “Ca-
talysis,” Vol. 1, Reinhold Publ. Corp., New York, N. Y., 1954, p. 119.

ft =

P, « AAi * 211

therefore

Pi
0,

SArh e .
s ta+ (E+«)m*
Since the measured rate of the polymerization of

ethylene kpi = dJnA, A being the area of the cata-
lyst, it follows that

+ 1) <m+*=»>
II<" (7, )Ah >l A+ ipi (4)

Therefore
1
A (e * Eai) am

b= (ah ®)

and hia = K? Inserting a and b from Fig. la,
K2works out to be 32 atm." 1

It should be mentioned that recently Natta and
co-workerss have published results on the in-
fluence of hydrogen on the polymerization of
propylene with a similar catalyst dispersed in n-
heptane. As can be seen from Fig. Ib their
results fit equation 2 closely. However, they prefer
arelation of the form

4) G. Natta, G. Mazzanti, P. Longi and F. Bernadini, Chim. ind.,

41, 513 (1959).
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0 H 20
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Fig. 2—The apparent rate constant of polymerization
of ethylene as a function of the square root of the partial
pressure of ethane.

vb —\b — ()

where vn and v0 are the reaction rates at constant
propylene partial pressure in the presence and
absence of hydrogen, respectively, pm is the partial
pressure of hydrogen and Xan arbitrary constant.
They assume that hydrogen causes hydrogenoly-
sis of bonds between the catalyst and the growing
polymer chains. For algebraic reasons the dif-
ference between equations of types (2) and (6)
is well within the experimental error for the condi-
tions of Natta's experiments. The results of this
paper will, however, not fit Natta’s hypothesis
as can be seen from the plot in Fig. 2. Admittedly
the two systems are different. Still it is possible
that also with hydrogen in heptane solution,
hydrogen will occupy an appreciable portion of the
active sites while those occupied by propylene are
vacated by polymerization in preference to desorp-
tion. If this is the case, equation 2 must be ex-
pected to hold also for Natta’s case.

As to the polymerization of ethylene, the ex-
perimental evidence shows that this is a case where
the rate-determining step is the adsorption of
ethylene on the catalyst surface, the actual poly-
merization proceeding rather fast. As Laidler3
has pointed out, the tacit assumption in discuss-
ing surface catalysis that adsorption equilibrium
is in fact established is rarely supported by evi-
dence. In this instance, at least, the experimental
evidence is all against this assumption.

HEAT AND ENTROPY OF FUSION
AND CRYOSCOPIC CONSTANT OF SILVER
NITRATE
By George J. Janz, David W. James and
Jerome Goodkin

Department of Chemistry, Rensselaer Polytechnic Institute, Troy, N. Y.
Received January 21, 1960

Cryoscopy in silver nitrate solvent has been stud-
ied by a number of workers both from the aspect
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of a qualitative test of species presentland a quan-
titative test cf the solvent-solute interactions and
behavior.2 For quantitative evaluation of be-
havior in the dilute region (concentration < 10-2 m)
it is essential to know the heat of fusion accurately
from a direct measurement. Two calorimetrically
measured values for the heat of fusion of silver ni-
trate are known. Goodwin and Kalmus3obtained
the value 2580 cal. mole-1 while Magnus and Op-
penheimer4 obtained a value of 2757 cal. mole-1.
In 1936, Kelleyl published a mean value of 2550
cal. mole-1 based on an assessment of the available
cryoscopic data at that time. Attention is also
drawn by Kelley6 to a value of 2755 cal. mole-1
empirically derived from a formula quoted by
Juptner.6 The present communication reports the
results of a redetermination of the heat of fusion for
silver nitrate by the method of drop calorimetry.

Experimental

Calorimeter and Accessories.—The calorimetric assembly-
designed to yield results with an accuracy of + 2% for
heats of fusion in the range 2-4 kcal./mole, and the record-
ing differential potentiometer for the temperature-time
measurements were the same as described elsewhere in de-
tail.78

Silver Nitrate.—Finely powdered silver nitrate (reagent
grade) was vacuum dried for several days under a stream of
dry nitrogen with progressive elevation of the temperature
to a point just below the fusion point of the salt. This
maximum of temperature was maintained for 24 hr., after
which the sample was cooled under a stream of dry gas and
stored in a sealed container protected from the light. The
appearance of the AgNO03was important after tins drying
technique. If the drying is not complete the traces of water
will react with the salt to give nitric acid and silver oxide at
the elevated temperatures. The silver oxide will cause dis-
coloration of the salt and very small traces of oxice can be
visually distinguished. If thermal decomposition of the
salt takes place traces of silver or silver oxide will be deposited
depending on the decomposition process. These deposits
will also be visiole in trace amounts. The appearance of the
salt thus indicated both dryness and whether or not decompo-
sition had taken place. It was found that fusion points
of the best selected samples were sharp and deviated by less
than 0.1° from the fusion temperature of 209.6°.

Results

The procedures for calibration of the calorimeter
and measurement of the heat of fusion have been
described in the earlier papers.78 Table | sum-
marizes the data and results for a series of eleven
determinations of the enthalpy change between 430
and 590°K. below and above the melting point.
The analysis of the data is similar to that followed
for previous calculations.9 Since there was a scat-
ter of experimental points, particularly above the
melting point, 95% confidence limits were adopted
and a least squares analysis was made. From the
graph so obtained of enthalpy change vs. initial
temperature of the sample the heat of fusion of

(1) E. Kordes, W. Bergmann and W. Vogel, Z. Elektrochem., 55, 600
(1951).

(2) Y. Doucet, J. A. LeDuc and G. Pannetier, Compt. rend., 236,
1018 (1953).

(3) H. M. Goodwin and H. T. Kalmus, Phys. Rev., 28, 1 (1909).

(4) A. Magnus and F. Oppenheimer, Z. anorg. allgem. Chem., 168,
305 (1928).

(5) K. K. Kelley, Bull. U. S. Bur. Mines, No. 371, Washington, 1936.

(6) H. Juptner, Stahl u. Eisen, 18, 1039 (1898).

(7) J. Goodkin, C. Solomons and G. J. Janz, Rev. Sci. Ir-str., 29, 105
(1958).

(8) C. Solomons and G. J. Janz, Anal. Chem., 31, 623 (1959).

(9) C. Solomons, J. Goodkin, H, J. Gardner and G. J. Janz, This
Journal, 62, 243 (1958).
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silver nitrate at its melting point was found to be
2960 + 60 cal./mole.
Discussion

The values for the heat of fusion of silver nitrate
reported from 1898 onward are summarized in
Table 11, together with the value from the present
investigation. In view of the markedly higher
value gained from the present calorimetric measure-
ments, an evaluation of the factors possibly contrib-
uting to the differences in the previously deter-
mined values is of interest.

Table |

Enthalpy of Silver Nitrate at Various Temperatures

(?'t) Relative to Standard Temperature (300°K.)

------- Saitiple--------  Calorim- Cal.
Initial Final eter evolved Hr -
temp., temp., temp. by 1mole Corrn. to HZB15
Tt, °K. °K. change AgNC'3 298.15° K. cal./mole
587.2 302.3 4.83 10945.61 41.22 11036.83
547.7 301.3 3.43 9316.53 68.98 9385.51
517.3 301.3 3.36 9245.78 68.98 9314.76
503.3 303.0 2.90 7916.64 106.79 8023.43
500.2 305.8 2.89 7913.53 168.99 8082.55
4915 304.1 2.82 7733.45 131.25 7864.70
483.2 300.2 1.99 5221.68 44.52 5266.40
479.4 300.9 1.74 4479.91 60.09 4540.00
460.2 300.6 1.59 4110.81 53.41 4164.22
450.2 301.8 1.52 3939.52 80.10 4029.62
438.4 300.1 1.44 3752.74 42.29 3795.03

Wt. of AgNO, sample, g. 30.0256

Wt. of Pt crucible, g. 16.0315

Heat equiv. of calorimeter 1st expt. 441.07 cal./deg.; re-

maining expt. 539.10 cal./deg.

Table Il

Values for Heat of Fusion for AgX ()3

Investigator Method cal./mole Ref.
H. Juptner (1898) Estimated 2755 6
H. Goodwin and H. Kalmus
(1909) Calorimetry 2580 3
A. Magnus and F. Oppen-
heimer (1928) Calorimetry 2757
K. Kelley (1936) 2550 5
Present investigation (1959) Calorimetry 2960

It has been realized only recently how difficult it
is to remove all traces of water from a crystalline
salt; in the present investigation a rigid vacuum-
elevated temperature technique was employed as
the most efficient drying method. Magnus and
Oppenheimers used an isothermal calorimetric
method in which the sample was open to the air at
all times. The presence of water thus possible in
their samples would contribute to a lower value for
AHi. In the work of Goodwin and Kalmus,s in
addition to this factor, a heat loss owing to chimney
convection in the design of drop calorimeter used is
seen possible and would contribute to the low re-
sult. The melting point for AgNOs is reported as
219° by Goodwin and Kalmuss (c/. 209.6°) and this
may indicate that all temperatures in this work were
incorrect.

The value attributed to Juptners was obtained
not by direct measurement but is a value calculated
by use of the empirical relation

AH -

0.001677a (I +
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where K is the modulus of elasticity and p is the
density of the salt. No information relative to the
temperature at which the modulus or density were
measured is given. The agreement of this esti-
mated value with other results must be regarded
as fortuitous. Further tests of this expression to
evaluate its applicability would seem of interest.

The value by Kelleys is based on seven sets of
cryoseopic data varying from 2,300 to 2,800 cal.
mole-1. Assumptions relative to the thermody-
namic ideality of the solutions and the dissociation
processes for the solutes are implicit in the calcula-
tions of the heats of fusion from the above cryo-
scopic results. For theoretical discussions of
cryoseopic. behavior of solutes in silver nitrate a
value of the heat of fusion (and thus the cryoseopic
constant) independently derived by a different ex-
perimental technique is almost essential.

The values for the heat of fusion (2960 cal./mole)
entropy of fusion (6.14 e.u./mole) and cryoseopic
constant (26.47 deg./mole/lOOO g.) derived from
the present calorimetric measurements are recom-
mended for practical and theoretical calculations.

Acknowledgment.— This work was made possible
in part by support received from U. S. Air Force,
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THE PREPARATION OF SINGLE CRYSTALS
OF CERTAIN TRANSITION METAL
FLUORIDES

By H. Guggenheim

Bell Telephone Laboratories, Incorporated, Murray Hill, New Jersey
Received January 22, 1960

Single crystal NiF2was grown from the melt using
a modification of Stockbarger’s: method. NiFz is
reportedz to have a vapor pressure of one atmos-
phere at about 1000° and amelting point over 1300°.
For these reasons it is impractical to grow it from
the melt using conventional methods, but a sealed
platinum container has been found to overcome the
difficulties. Dry NiF2 was prepared by passing
HF over “low cobalt” NiCl at 850° for 16 hours.
The resulting material was a light greenish-yellow.
The Pt-10% Rh alloy tube was used. To facilitate
pinching off of the tube, a smaller Pt tube was
welded to the larger tube after charging with NiF2
To prevent moisture and oxygen contamination,
the tube was heated to 250° while connected to a
vacuum line. The vacuum was broken with argon
and then the small tube was pinched off near the
top with barrel jaiv pliers. The pinched end was
welded with a gas flame and the tube was placed
inside an alumina tube attached to a clock motor
by a sprocket chain. The tube was lowered
through a hot zone (1420°) at 0.075" per hour.
After 100 hours the tube was removed at room
temperature and opened by cutting along the
length with a circular diamond saw. The NiF2
boule was emerald green, weighing 56 g., and was 2

(1) D. C. Stockbarger, Rev. Sci. Instr., 10, 205 (193G).
(2) C. Poulenc, Ann. Chem. Phys., 2, 41 (1894).
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inches long and 34 inch in diameter. Although
there were many cracks, there were clear areas as
large as a /2 inch cube which were shown to be
single crystal. The Pt tube was easily repaired for
reilse. The cracking might best be minimized or
eliminated by slowly cooling the boule in a uniform
temperature zone after the last part has crystallized
in the temperature gradient.

The growth of mixed fluorides in a hydrothermal
bomb has been illustrated by the preparation in a
sealed vessel of Cu compounds which normally dis-
sociate or form oxides in air. K. Knoxs has grown
crystals of KCuFs and K:2CuFs4 from the melt.
These crystals were very small and the KCuFs
invariably twinned. By analogy with the KF-
NiF22 and KF-MgF2 systems, it is expected that
KCuFs and K2CuFs will exist in the KF-CuF2 sys-
tem, the former congruently and the latter incon-
gruently melting. An additional factor in the Cu
system is the fact that copper(ll) fluorides and
presumably potassium-copper-fluorides, have an
appreciable dissociation pressure of fluorine at the
melting point, so that in an open system loss of
fluorine and reduction of the copper occur. The
copper system should be several hundred degrees
lower than the KF-NiF2 and KF-MgF:2 systems.
Because of oxide formation and the dissociation
problem, the system was investigated in a sealed
vessel. KFIFz2 was used instead of KF because it is
less hygroscopic, and has a melting point much
below the dissociation temperature of CuF2
The melting point of KHF2 is 195°, at which tem-
perature it begins to liberate HF. Because of the
build up of pressure when heating over 200° a
steel bomb~ with a platinum liner was used. This
autoclave was designed for hydrothermal experi-
mentation and was constructed to withstand pres-
sures up to about 7000 p.s.i. A corrosion resistant
steel was used which can be heated to 600° without

creep. Reagent grade CuF2-2H2D was dried in dry
HF at 400°. Above this temperature decomposition
takes place. A typical run was made as follows:

The bomb, which has a capacity of 30 ml., was
charged with 30 g. of liquid KHF2 prepared by heat-
ing the powder in a platinum crucible. After solidi-
fication, 10 g. of dry CuFzwas added. A 0.005 inch
thick platinum disc was placed over the top of the
liner and the steel plunger was forced down on the
disc by tightening the head in avise. The bomb was
heated in a muffle furnace to 500° for 16 hours.
The temperature then was lowered at a rate of 3°
per hour to 200°, at which temperature the bomb
was removed from the furnace. This mixture of 20
mole % CuF2 and 80 mole % KHF: yielded single
crystal plates of KCuF3 about 0.5 cm.2 They
could be separated by dissolving the KF matrix in
warm HZD which had no effect on the KCuF3
Single crystal plates of K2CuFs were grown using
the same procedure but changing the mole ratio to
13% CuF2and 87% KHF2 These crystals were the
same size and habit as the KCuFscrystals. In this
case, the flux could not be removed with HD be-

(3) K. Knox, J. Chem. phys.. 30, 991 (19,59).

(4) G. Wagner and D. Balz, Z. Elcktrochem., 56, 576 (1952).

(5) R. C. DeVries and R. Roy, J. Am. Chem. Soc., 75, 2481 (1953).
(6) H. v. Wartenberg, Z anorg. Chem., 241, 381 (1939).

(7) G. W. Morey, Am. Min., 22, 1121 (1957).
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cause the K2CuFs hydrolyzed as evidenced by a
change in color from clear colorless to opaque blue;
however, the crystals could be separated mechani-
cally without difficulty. The crystals were shown
to be KCuFs and Ivo2CuF4, respectively, by X-ray
powder and single crystal pictures.

Finally, single crystals of MnF2 ZnFzand IvMn-
Fs have been grown by zone melting in an inert
atmosphere. A significant reduction in the impur-
ity content of the crystals, as well as quantitative
impurity doping of the crystal, were accomplished
bv this method.

The author is indebted to Iv. Knox for helpful
discussions on KCuFs and K2CuF4 and J. W. Niel-
sen and E. Dearborn for useful discussions on the
Stockbarger technique.

THE ASSOCIATION EQUILIBRIUM IN THE
METHYL BROMIDE-ALUMINUM BROMIDE
SYSTEM. ESTIMATED BONDING
STRENGTHS OF ALUMINUM BROMIDE-
ADDITION MOLECULES WITH METHYL
BROMIDE, PENTENE AND BENZENE

By D. G. Walker

Research and Development Division, Humble Oil & Refining Comjxmy,
Baytown, Texas

Received January 25, 1960

Brown and Wallace: have reported an excellent
and thoroughgoing study of the addition compounds
of aluminum halides with alkyl halides. They
obtained experimental vapor pressure-composition
data for the system methyl bromide-aluminum
bromide at —80, —64.4, —45.8, —31.3 and 0°
and concluded that the aluminum bromide in solu-
tion was present in the form of an additional mole-
cule CHsBr:AIBr3

A redetermination of the vapor pressure-com-
position curve for methyl bromide-aluminum bro-
mide at o ° was made in the course of some other
work. In the homogeneous liquid phase, excellent
agreement was found with the results of Brown and
Wallace. Also, in agreement with their results,
the appearance of a solid phase was found to occur
at a CHsBr/AIBrs liquid-phase ratio of 1.19 and at
a system pressure of 235 mm. However, a well-
defined pressure plateau was obtained between C'H#
Br/AlIBrs ratios of 1.19 to zero whereas Brown and
Wallace found no such pressure plateau in this re-
gion corresponding to compound formation in the
solid phase. They concluded that solid solution
phenomena must be present. Possibly they did not
allow adequate time for the system to equilibrate
between withdrawals of methyl bromide. It
seemed that if aluminum bromide was the solid
precipitate, the system might be simple enough
that considerable information of interest could be
gained by a further study.

Results and Discussion
In Fig. 1 is plotted the system vapor pressure
versus composition obtained experimentally at
0°. If one assumes that only the addition mole-
(1) H. C. Brown and w. J. Wallace, This Journat, 75, 6279
(1953).
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°0 t 2 3 4 5 6 7 8 9 * ‘oo
Composition Mol Rotio of CHjBr/AIBrj.

Fig. 1.—Vapor pressure of the methyl bromide-aluminum
bromide system at 0°. PcHjBr at 0° = (5595 mm. Ex-
perimental: — , theoretical assuming: (a) only CH3®r
and CH®3r:AlIBr3 (non-volatile) are present; (b) Raoult's
law is obeyed. —, Theoretical assuming: (a) equilibrium

(AIBr6)!/<CH®BTr) 3, ,
K =~ [CH+rTAH+T = °JIG; (b) AIBr6solubxhty =

0.073 mole fraction; (c) Raoult’s law.

Fig. 2.—Molecular weight of aluminum bromide in olefin
solution (experimental work of Fairbrother and Field6).
Calculated assuming: (1) only the equilibrium olefin—Al-
Br35i y 2AIBr6+ olefin exists; (2) /vequii = 3 at 0°.

cule, CHsBr:AIBr3 and CH3r exist in the liquid
phase, that only CH3®r has an appreciable volatil-
ity and that Raoult’'s law is obeyed, a vapor pres-
sure curve corresponding to the dotted line in Fig. 1
is predicted. As may be seen, the calculated line is
in very good agreement with experiment for dilute
solutions of CHsBr:AlIBrz in CH®3Br and falls sur-
prisingly close to the experimental values even in
more concentrated solutions. The pressure pla-
teau, which exists between CH3Br:AlBrz ratios of
1.19 to zero, shows that solid aluminum bromide
first precipitates at a composition ratio of 1.19 and
correspondingly an invariant liquid phase of CH3
Br:AIBr3 CH3r and Al2Bre exist in equilibrium
with solid AlzBr6& These data may be used to cal-
culate an equilibrium constant at this temperature
(Fig. 1).

Al2Bre and CH3®r have identical solubility pa-
rameters (5 = 9.3) and would be expected to form
an ideal solution. The fact that the addition mole-
cule CHsBr/AIBrs (5 unknown) forms nearly ideal
solutions with methyl bromide (see Fig. 1) is ex-
tremely interesting. This addition molecule must

Notes
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have very nearly the same intermolecular attrac-
tion in the liquid phase as the two parent species
and by no means should be thought of as an ionic
or even avery polar compound.

Data on the vapor pressure-composition 'of
methyl bromide-aluminum bromide mixtures simi-
lar to that of Fig. 1 were obtained at three other
temperatures. The composition at which Al2Brs
was observed to precipitate as well as the plateau
pressure of the invariant liquid region was used to
calculate an equilibrium constant for (1) at each ex-
perimental temperature (Table I).

(CH3Br)(AIBro’A
(CH3r:AIBrj3 K’

In Table Il the calculated composition at four
temperatures of the invariant liquid phase, satu-
rated with Al2Br6 is given. The corresponding
ideal solubility of Al2Brs as calculated from

Alltusion 11

log A*AlLBrt 2.3(7?) \T

1180 - 2.7012 X 10~3

is shown in the last column of Table Il. The gen-
eral agreement of this value with that found from
the calculated equilibrium constants for (1) is an
independent confirmation of the fact that the three
molecular species of (1) must form a nearly ideal
solution.

Table |
Experimental Data on CIRBr-ALUMINUM Bromide M ix-

tures Equilibrium Constant as a Function of Tem-

TERATURE
Vapor Fxptl.
pressure Compn. plateau
CHjBr, CHjBr/ pressure, Caled. K
T, °C. mm. AlBr3<J mm. foreq. 1
5.3 804 1.08 280 0.256
0 659.5 1.19 235 .216
- 8.1 505 1.30 170 137
-23.9 233 1.30 67 .076
“ At which AlBr6precipitates.
Table Il
Composition in Liquid P hase
T. W(CHiBr: Ideal
°C. AlB«) AHCHjBr: JV(AlsBrs) JV(AIliBri)
5.3 0.510 0.348 0.141 0.089
0 .538 .356 .106 .073
- 8.1 .602 .337 .060 .054
23.8 .678 .288 .033 .028

The slope of the usual type plot of the logarithm
of K (from Table 1) vs. I/T gives a value of 5.69
kcal./mole for the heat of reaction of (1), and an
entropy of reaction of +17.7 e.u. Thus in the
liquid phase

= (CH,Br)(AliBr.)'A
(CHjBr: AIBr3
Fischer and Rahlfsz found in the gas phase

K = (AIBr32 B.4ir 56500/nr 3)
(ALBr)
By neglecting any heat of solution of monomeric
AlBrs in the liquid phase of (2), equations 2 and 3
can be combined to yield

g!7.7IR e5.miRT

()

) W. Fischer and O. Rahlfs. Z. anorg. allgem. Chem., 205, 37

(1932).
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(CH3Tr)(AIBr3
CH3Br:AIEr3

eii.MR ei890IRT phase)

(4)
The bonding strength of CHsBr: AlBrs is then =19
ke.aj.

Other aluminum bromide solutions may be in-
terpreted in a similar manner.

Nespitals by the use of dipole measurements
found that an addition molecule, -AlIBr3
existed in small concentration in benzene solutions
of aluminum bromide. Ulrich,« by cryoscopic
measurements in very dilute solutions of aluminum
bromide in benzene, obtained results consistent
with the conclusions of Nespital. Both of these
studies are consistent with the equilibrium

for which K = 700 @ 20°. This, combined with
an estimated (Sackur-Tetrode equation) AS =
+ 179 e.u., yields an estimated bond strength of

the addition compound -AlBrs of 14.6 kcal.

The vapor pressure measurements of Fair-
brother and Fields on solutions of aluminum bro-
mide in eis-pent-2-ene at o ° also can be interpreted
as due to the existence of an addition molecule be-
tween an olefin and AlIBrs in equilibrium with Ab-
Bre and free olefin. In Fig. 2 are plotted the ap-
parent molecular weights of aluminum bromide in
pentene solution as were experimentally deter-
mined by Fairbrother and Field. The dotted line
represents calculated values of this same molecular
weight function assuming that equilibrium (s ) exists
in the liquid phase

Olefin------ AIBr3 AIBr6+ olefin (s)

and has a value of 3.0 at 0°. Again combining an
estimated AS = +17.5 kcal. with this value for
the ~equilibrium, a bond strength of 17.5 kcal. is esti-
mated for the pentene-AlBrs molecule.

Experimental

Apparatus.—All of the experiments were carried out with
high vacuum apparatus and techniques in which the mate-
rials came in contact only with glass and mercury.

Procedure.— A weighed amount of synthesized aluminum
bromide was res iblimed several times into a glass vessel
under dry nitrogen. The vessel was attached to the vacuum
system and evacuated. A measured amount of methyl
bromide was condensed on the aluminum bromide and the
vessel was agitated until solution was complete. Tempera-
ture control was by the use of appropriate slush baths. Pres-
sure was read from a mercury manometer. The composition
was varied by allowing fractional portions of the vapor to
transfer to the vacuum system. Compositions reported as
“CII3Br/AIBr3 ratio” were corrected for the presence of
CILBr in the vaoor space above the system.

The vapor pressure of the methyl bromide recovered after
a given experiment was identical to that recorded before the
experiment. The volume of gas recovered also was very
nearly identical to that charged.

(3) W. Nespital, Z. physik. Chem., B16, 153 (1932).
(4) 1. Ulrich, ibid., B15, 42f (1931).
(5) F. Fairbrother and K. Field, J. Chem. Soc., 2014 (1950).
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THE GROWTH OF BARIUM TITANATE
SINGLE CRYSTALS FROM MOLTEN
BARIUM FLUORIDE

By R. C. Linares

Bell Telephone Laboratories, Inc., Murray Hill, New Jersey
Received January 26, 1960

Single crystals of barium titanate have been of
interest for ferroelectric studies. Most of these
crystals have been grown from molten salts, and at
moderate temperatures (1000-1250°), because Ba-
Ti0s undergoes a change from the cubic to hexa-
gonal form at 1460°.1 Some of the solvents suc-
cessfully used include: BaCL,xslvF,s PbF2,4 PbO4
and Na2C0ss Of these, the KF process has been
the most widely used; however, potassium from
the solvent and platinum from the crucible enter
the crystals as impurities. The purpose of this
paper is to report the solubility of BaTiOs in BaF2
and point out that BaTiOs crystals can be grown
from BaF: solutions. Although this method has
some drawbacks, which will be discussed, crystals
can be grown free of potassium and platinum.

Solubility Curve.—An approximate phase diagram for the
system BaF2BaTiO3was determined by a simple quenched
melt technique. A charge of barium titanate and barium
fluoride was heated in an electric furnace for four hours at a
temperature 20° above the desired temperature. At the
end of the time the temperature was dropped 20° and held
for another two hours. Next the temperature close to the
crucible was de'ermined with a Pt-Pt 10+ Rh thermocouple
probe, the crucible was removed from the furnace, and the
melt was poured off and quenched in a platinum crucible.
Only those runs in which there was an excess of barium titan-
ate in the crucible at the time of pouring were used for the
solubility determination.

The eutectic mixture was made by heating a mixture of
30g. of BaTi03and 60 g. of BaF? to 1350° and cooling slowly
to 1200°. The BaTiOj crystals were removed mechanically
leaving the eutectic mixture and the melting point, of this
mixture was determined in a platinum wound micro furnace.
The average of seven readings was taken as the melting point
and was found to lie 1260° with the maximum deviation
being +4 =

The composition of the melts was determined by analysis
for barium and titanium by an X-ray fluorescence technique.6
The results arc considered tc be correct to within 1%. The
molar composition was calculated on the assumption that
barium and titanium were present only as RaF2and BaTi03.
Although X-ray pictures show only these two phases present
in low temperature runs, long runs (24 hr.) at high tempera-
tures (1420°) show a small amount of an unidentified third
phase. Also if the weight per cent, of barium titanate and
barium fluoride in these samples is calculated, these total
slightly more than 100% indicating the possible presence of
another phase. Tt is possible that this phase is a barium
platinum oxide formed by slow decomposition of BaF2 to
BaO which would attack the platinum crucible.

The proposed phase diagram for the system BaFr-Na-
Ti03is given in Fig. 1. This shows the solubility of Ba-
TiOs to range from 16.5 mole % at the eutectic point of
1260° to 40.2 mole % at 1393°. The accuracy of the curve
has been confirmed by observations made during crystal
growth by pulling. When using a molt, of a given composi-
tion, crystallization began very near the temperature pre-
dicted by the solubility cunm as drawn.

The vapor pressure of BaF» is quite low even at, elevated

(1) Phase Diagiams for Ceramists, 1950, p. 42.

(2) Blattner, Matthias, Merz and Scherrer, Helv. Cfim. Acta, 20,
225 (1947); Experientia, 3, 4 (1947).

(3) J. P. Reineika, J. An . Chem. Soc., 76, 940 (1954).

(4) J. W. Nielsen, personal communication.

(5) Shozo Savada, Choichiro Nomura and Shin’ichi Fugii,
Inst. Sei. Technol., Univ. Tokyo, 5, 7 (1951).

(6) T. C. Loomis, unpublished work.

Kept.



942

temperatures which makes it desirable as a solvent. The
attack on the platinum crucible is only slight7 but any con-
tamination of the lial'VBaTiO.-i melt with silicates causes
rapid attack on the crucible and eventual failure.

Growth of Crystals. Butterfly Twins.—A typical crystal
growth run was made by heating a mixture of 50 g. of BaTi-
O; and 50 g. of BaF=at 1350° for -1 hours in a Pt. crucible.
At the end of this time, a crucible containing 5 g. of BaTiOj
was placed in the furnace and allowed to reach furnace
temperature (about 10 minutes). Then the molten solution
was poured onto the BaTiO; powder and the growth cycle
was begun. The growth cycle consisted of holding the
temperature constant from 0 to 2.5 hours, followed by cool-
ing at rates from 1 to 25° per hour. At the end of the cool-
ing cycle (1270 to 1300°) the crucible was removed from the
furnace and the melt, was poured off. In the bottom of the
crucible were the dark blue barium titanate butterfly twins
and cubes.

Discussion of Twin Growth.—The barium titanate crys-
tallized from barium fluoride melts is dark blue to black in
color. This is due to an oxygen deficiency in the crystal
like that of BaTiOc grown from KF in a nitrogen atmosphere.8
Attempts were made to grow clear twins from barium fluo-
ride by growing in an oxygen atmosphere. The crystals
appeared no lighter in color, indicating that the oxygen
pressure of the transparent, crystals at these temperatures
may be greater than one atmosphere. These crystals and
others were heated in an oxygen atmosphere for 4 days at
1000° with no indication of losing their dark color. How-
ever, by raising the temperature to 1050-1100° some lighten-
ing in color did occur after a week of oxidation. Dark
blue crystals grown from KF oxidize more rapidly under
those same conditions. This would indicate that the oxygen
defect concentration in the barium fluoride grown crystals is
considerably greater than the defect concentration in potas-
sium fluoride grown crystals.

Growth on Seeds.—While barium fluoride is an excellent
solvent for barium titanate, it is very difficult to remove
from the crystals and from the crucible. For this reason it,
was decided to explore the possibility of pulling the BaTiOs
from a BaFj melt while slowly cooling the melt. It was also
thought, that the method itself should be explored to deter-
mine its usefulness in other systems.

A crystal was grown by first preparing a saturated BaTiO})
BaF; solution at about 1360° in a platinum crucible. Then a
seed was lowered to, and rotated on the surface of the melt,

(7) Analysis of three separate samples of crystals showed less than
platinum.
(8) J. \Y. Nielsen, to be published.
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and cooling was begun of 2.5 degrees per hour; at 1275-
1300° the grown crystal was withdrawn from the melt, and
allowed to cool slowly to room temperature. Crystals up to
7.5 g. have been grown ill this manner.

Both butterfly twins and cubes were used as seed material
in these runs. No appreciable difference could be found in
the growth behavior between the two type seeds; however,
the orientation of the seed was very important. =The
crystal has a great tendency to grow as a cube or a rectan-
gular parallelopiped; thus the (111) and (110) faces cap out
rapidly leaving the crystal bounded by (100) faces. A crys-
tal grown from the (110) face capped out quickly in that
direction and then grew in steps as a pile of cubes. Crystals
grown from the (100) face were more regular, and although
they grew slightly stepped on the side they were sound in-
ternally.

Despite the slow growth late there was a great tendency
for the crystals to twin. For this reason the crystal could
not actually be pulled during growth; the slowest practical
pulling rate was faster than the rate of deposition at the
desirable cooling rate.

Conclusions

Barium titanate butterfly twins and cubes can
be grown from molten BaF,. BaTiOs single crys-
tals can be grown on a rotating seed by slowly cool-
ing moderately concentrated solutions of BaTiOs in
BaF2 This method of growing a crystal allows
the crystal to be removed from the melt when the
growth is completed and allows one large crystal
rather than many small ones to be grown from a
melt. This procedure should also prove useful in
other systems where the solvent is difficult to re-
move from the crystals. The solubility of the
material need not be high provided that the slope
of the solubility curve is such that a reasonable
amount of material can be deposited during the
cooling cycle and that the transport can be accu-
rately controlled.
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THE FM'ORESCEXCE OF ACETALDEHYDE
VAPOR:

By E. Murad2
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Previous work on the fluorescence of acetalde-
hyde has been cursory and limited to visual ob-
servation of the fluorescence.s-2 This visible emis-
sion has been attributed by Matheson and Zabors
to the sensitized emission of biacetyl, which is a
product of the photochemical decomposition of
acetaldehyde vapor.

(1) This work was support'd 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)
1528. Reproduction in whole or in part is permitted for any purpose
by the United States Government.

(2) Department of Chemistry, University of Wisconsin, Madison 6,
Wis.

(3) P. A. Leighton and F. E. Blacet. J. Am. Chem. Soc.. 55, 1766
(1933).

1) G. K. Rollcfson and D. C. Grahame, J. Chem. Phys., 7, 775

(1939).
to) M. 5. Matheson and J. W, Zabor, ibid., 7, 536 (1939).
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[Experimental

Reagents. Acetaldehyde.—Eastman grade acetaldehyde
was purified by bulb to bulb distillation on the vacuum
line, a middle fraction being used. Analysis on the mass
spectrometer showed the absence of any impurities, and, in
particular, the absence of biacetyl.

Biacetyl.—Eastman grade biacetyl was dried over An-
hydrone for three hours; a middle third then was taken
after distillation. Analysis by vapor phase chromatography
(Perkin-Elmer Model 154) showed that the impurities were
not more than 1ct.

Oxygen.—Research grade oxygen in a one-liter bulb was
obtained from Air Reduction Co.

Propane.—C.p. grade propane from the Matheson Co.
was purified by bulb to bulb distillation and a middle third
was used.

Apparatus.—The apparatus for the photoelectric study
of the fluorescence and the vacuum line were similar to those
described by Heicklen.6

Photographs of the fluorescence spect rum were taken with
a Hilger quartz spectrograph, Model E-484, which was
kindly loaned to the author by Professor A. R. F. Duncan.
Kodak plates No. 103a-B were used to photograph the
emission spectrum of acetaldehyde-biacetyl mixtures.
Kodak plates No. 103a-0 were used to photograph the
emission spectrum of pure acetaldehyde. No filters were
introduced between the fluorescence window and the
spectrograph. The scattered 3130 A. line was used as a
reference line in assigning a wave length scale to the emission.

The flow system was similar to that used by Luckey, et al.1
The temperatures of the two bulbs in this flow system were
Oand —10°.

The light source was a medium pressure mercury lamp
(British Thomson-llouston 250 watt. ME/D 3-pin lamp)
which was operated on direct current. Various wave
lengths were isolated with a Bausch and Bomb grating
monochromator <

Results

Fluorescence Spectrum.—The fluorescence spec-
trum gf acetaldehyde extends from 3515 to about
4700 A. It consists of a broad diffuse emission
with bands superimposed on it, and has a maximum
at about 4000 A. The resolution was such that
measurement of the fine structure of the emission
was not possible. A microphotometer tracing
showed peaks at 3565, 3640 and 3783 A. A banded
emission with band heads at 5100, 5600 and 6000
A. was present in static runs but almost absent
in flow runs. This banded system is attributed to
biacetyls This observation confirms the con-
clusion of Matheson and Zabors that the strong
visible fluorescence which has been reported for
acetaldehyde is due to biacetvl. Upon addition of
small amounts of biacetvl, the bands at 5100, 5600
and 6000 A. became very pronounced. The addi-
tion of oxygen to acetaldehyde did not affect the
acetaldehyde spectrum, while the bands due to
biacetvl were completely removed. This observa-
tion is due either to the removal of triplet biacetyl
emission by oxygens or to the reaction of acetyl
radicals with oxygen.

It should be pointed out that the short wave
length fluorescence limit at 3515 A. is very close to
the long wave length absorption limit which had
been reported to be at 3483 ANys-10

(6) J. Heicklen, J. Am. Chem. Soc., 81, 3853 (1959).

(7) G. W. Luckey, A. B. F. Duncan and W. A. Noyes, Jr., J. Chem.
Phys., 16, 407 (19-=8).

(8) G. M. Almy, H. Q. Fuller and G. D. lvinzer, ibid., 8, 37 (1940).

(9) S. A. Schou, J. chim. phys., 26, 27 (1929).

(10) V. R. Rao and I. A. Rao, Indian J. Phys., 28, 489 (1954).
These authors found absorption to begin at 3485 A., but concluded
that the 0-0 band is at 3204.1 A.
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Fluorescence Efficiencies.—Before considering
the variation of fluorescence efficiency with various
parameters, a remark is in order. It has been
pointed out by Noyes and Henriquesl1ll* and more
recently by Stevensis that the geometry of the
cell may give rise to false trends when the absorp-
tion is high. Noyes and Henriques suggested a
method of correcting this apparent trend. Their
method was. however, tedious and the results
obtained in the present investigation were not pre-
cise enough to warrant their use. A simpler cor-
rection was made by correcting the apparent values
of Q (the fluorescence efficiency) to a standard
per cent, absorption in she vicinity of the fluores-
cence window by the use of Beer's lawn. The
apparent values of Q were obtained as

where F is the fluorescence reading with the cell
full, Fa the fluorescence reading with the cell
empty, h the intensity of the light transmitted
through the cell when it is empty, and ;2 the in-
tensity of the light transmitted through the cell
when it is full. The values of Q thus obtained are
in arbitrary units; they are proportional to the
actual quantum vyields of fluorescence.

Fluorescence at 3340 A.—The fluorescence at
3340 A. was studied at two temperatures, 26 and
52°. A plot of 1/(} vs. pressure is shown in Fig. 1.
Within experimental error Q is independent of
temperature. The addition of oxygen did not af-
fect Q.

Fluorescence at 3130 A.—The variation of
Q (both corrected and uncorrected) with pressure
at 3130 A. at 26° is shewn jn Fig. 2. In the pres-
ence of oxygen at 3130 A., Q was reduced by
10% at acetaldehyde pressures of a few hundred
millimeters and by 25% at a pressure of about 30
mm. The effect of oxygen on the fluorescence
efficiency of acetaldehyde (be., emission of wave
lengths shorter than 5000 A.) is (pressure of acetal-
dehyde 100 mm., T 25°)

Po2(mm.) 0.16 0.26 0.46 0.55 1.09 2.00 3.58 20.00
Q(relative) 61 60 57 5 57 54 S 55

Although there is some scatter, it can be seen that
a constant value of Q is reached when the pressure
of oxygen is about 2 mm. Similar results were ob-
tained at oxygen pressures of 50 and 200 mm.
When an inert gas (propane) was added and the
pressure of acetaldehyde kept constant (at 100
mm. and at 60 mm.) Q increased with increasing-
pressure of inert gas (data not shown). Reducing
the intensity to a tenth of its value increased the
fluorescence efficiency (data not shown). The
fluorescence efficiency also was studied at 50 and
90° (data not shown). The oxygen-sensitive
emission was strongly temperature-dependent, and.
in fact, at 90° it was very close to zero. The oxy-
gen-sensitive emission was independent of tempera-
ture.

(11) W. A. Noyes, Jr., and F. C. Henriques, Jr. J. Chem. Phys., 7,
767 (1939).

(12) F. C. Henriques Jr., and W. A. Noyes, Jr., 3. Am. Chem. Soc.,
62, 1038 (1940).

(13) B. Stevens, Chem. Revs.. 57, 439 (1957).
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Fig. 1.—Fluorescence of acetaldehyde at 3340 A.

ACETALDEHYDE PRESSURE
(mms i.

Fig. 2.—Fluorescence of acetaldehyde at 3130 A.

Fluorescence at 3020 and 2980 A.—A cursory
study of the fluorescence efficiency of acetalde-
hyde as a function of pressure at 3020 and at 2980
A. was made. At these wave lengths the trend
of Q with pressure was the same as at 3130 A,
although a steady value was not reached until
higher pressures. Oxygen had a slight effect at
these wave lengths—as at 3130 A. The effect of
oxygen on the fluorescence efficiency at several
acetaldehyde pressures at. 3020 A. and 25° is shown
by the data

Acetaldehyde pressure

(mm.) 520 411 285 203 102 52 34
Q(cor.)(Po, = 0) 70 69 63 59 54 43 17
(Acor) (PQJ = 4mm) 70 06 59 55 47 38 10

o

The data at 2980 A. were similar and are not shown.
A study of the fluorescence at shorter wave lengths
was prevented by the strong fluorescence of ruartz
which obscured the fluorescence of acetaldehyde.

The Effect of Biacetyl.—Biacetyl was added to
acetaldehyde and the sensitized phosphorescence
of biacetyl was studied with a Corning Filter No.
3486, which transmits only wave lengths longer
than 5000 A. At 3130 A. the pressure of biacetyl
was varied from less than 0.1 mm. to a few milli-
meters, while that of acetaldehyde was kept con-
stant. While there was some scatter in the data,
there was strong phosphorescence. For example,
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when the pressure of acetaldehyde was 50 mm. and
that of biacetyl only 0.035 mm., the value of
Qoo (efficiency of biacetyl phosphorescence) was
six times that of pure acetaldehyde. Similar re-
sults were obtained when the incident radiation was
3340 A.

Discussion

The data at 3340 A. (Fig. 1) can be explained by
a competition of the fluorescence process with
collisional deactivation and decomposition. Since
oxygen had no effect on the fluorescence efficiency,
the excited state which emits radiation must be a
singlet. The sensitized phosphorescence of bi-
acetyl when acetaldehyde is irradiated with 3340 A.
indicates that a triplet state of acetaldehyde is
formed, but that it does not emit.

The data at 3130 A. show that the behavior of
acetaldehyde at this wave length is similar to that
of biacetyl at 3660 A. and acetone at shorter wave
lengths.e A triplet state must exist, although it
seems not to emit radiation. Evidence for this
statement is: (1) the effect of oxygen is small,
and (2) the phosphorescence of biacetyl (which is
from a triplet state) is sensitized by acetaldehyde.
The formation of a triplet state of biacetyl may be
due to either of the following processes: (a)
singlet acetaldehyde molecules transfer energy to
produce singlet biacetyl molecules which then
undergo the usual processes including triplet state
formation; or (b) triplet acetaldehyde molecules
produce triplet biacetyl molecules by direct energy
transfer. It is not possible to rule out mechanism
(a) since the lifetime of the singlet acetaldehyde
molecule has not been measured. However, if it
is similar to that of acetone (about 10-s second)
then the first, mechanism is highly unlikely. On
the basis of similar work on acetone, 141 the second
mechanism is the more attractive. The triplet
state of acetaldehyde must disappear by internal
conversion rather than emission. Recently, Cal-
vert and Planstis estimated that oxygen at high
pressures deactivates 76% of the excited acetalde-
hyde molecules, and these are, presumably, all in
the triplet state.

The following mechanism fits the data at 3130 A.
and at shorter wave lengths

A+ nv— >A, (1)
An + A— A+ A 2)
An>-—> Decomposition 3)
Aol— mA { hv' (4)

where A,' is an excited singlet state acetaldehyde
molecule in an upper vibrational level: Ac' is one
in the lowest vibrational level. Other steps lead-
ing to the formation and disappearance of a triplet
state must be included, but the present data do
not allow an unambiguous choice of such a mecha-
nism. Further discussion is unwarranted at the
present time, although this investigation is being
continued in this Laboratory.

(14) H. Okabe and W. A. Noyes, Jr., 5. Am. Chern. Soc., 7s, 801
(1957).

(15) J. lleicklen and W. A. Noyes, Jr., ibid., 81, 3858 (1959).

(16) J. G. Calvert and P. L. ilanst, Can.J. Chem., 37, 1671 (1959)
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DISSOCIATION CONSTANT AND LIMITING
CONDUCTANCE OF LiBr IN LIQUID SO, AT
0.2201: EVIDENCE FOR THE SOLVATION
OF Li+

By Norman N. Lichtin and K. Narayana R ao

Chemistry Department, Boston University, Boston, Mass.
Received February 5, 1960

Previous work has revealed that Bjerrum dis-
tances of closest approachz calculated from the
dissociation constants of KC1, KBr and KI in
liquid SO0z solution correspond to an unprecedented
degree to the sums of the respective crystallo-
graphic radii and that the limiting conductances of
these ionophores correspond equally closely to
the values calculated by employing crystallo-
graphic radii in conjunction with Stokes’ equa-
tion.s-4 Lithium bromide provides an interesting
addition to this series because of the evidence de-
rived from limiting conductance datas that lith-
ium ion is strongly solvated in many solvents.

Experimental

The conductance bridge,36 experimental procedures36
and conductance celllhave been described previously.

LiBr was prepared by adding concentrated aqueous HBr
TJ. T. Baker Analyzed Reagent) dronwise to Li.COj (Mal-
linckrodt Analytical Reagent) in a platinum crucible until
effervescence ceased, evaporating to dryness and heating to
incipient fusion, treating the solidified product with an
additional two drops of aqueous HBr, evaporating to dry-
ness once more and fusing the resulting product. The
product was cooled and stored under vacuum in a desiccator.

It was found that LiBr is less soluble in liquid S02than
has been reported by Jander.7 No attempt was made to
determine the solubility accurately but it was estimated to
be about one third the reported value. Its low solubility
and hvgroscopicity render the preparation of solutions from
directly weighed portions of LiBr very difficult. Samples
were therefore introduced into the conductance cell in the
form of weighed aliquots of ethanolic solution. The sol-
vent was removed by vacuum distillation. The residual
solid subsequently was pumped at 10~4 mm. pressure for
about 12 hours before admission of the solvent.

Because of the high initial dilution (>4.6 X 1031 mole-1)
and the necessity of restricting the data to a dilution range
where the solvent conductivity was relatively small (less
than 3% of the solution conductivity) the internal dilution
procedure36was limited to provide no more than two useful
points per run.

Data and Discussion

Conductance data are presented in Table 1.
These data were analyzed by Shedlovskv’s pro-
cedures with the aid of Daggett's tables of S(z)

(1) Paper VIII in the Series “ lonization and Dissociation Equilibria
in Liquid SO2,” cf. 3. Am. Chem. Soc., 81, 4520 (1959). for Paper VII.

(2) Cf. H. S. Owen and B. B. Owen. “The Physical Chemistry of
Electrolytic Solutions,” Reinhold Publ. Corp., New York, N. Y., 1958,
pp. 70-74.

(3) N. N. Lichtin and H. P. Leftin, This Journal, 60, 160 (1956).

(4) More recent data suggest that the agreement with respect to
both quantities is considerably better for KC1 than was originally re-
ported. For a preliminary report, cf. N. N. Lichtin and P. Pappas,
Trans. N. Y. Acad. Sei., 20, 143 (1957).

(5) Cf. Ref. 2, pp. 697-704.

(6) N. N. Lichtin and H. Glazer J. Am. Chem. Soc., 73, 5537 (1951).

(7) G. Jander, “Die Chemie in Wasserédhnlichen Ldsungsmitteln,”
Springer, Beilin, 1949, p. 231, reports a value of 6 X 10-3 mole kg.-1.
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values to yield 7% = (2.6s = 0.28) X 10-s mole
l.-1 and a°3sxp = 189 =9, mhos cm.2 mole-1,
where the indicated uncertainties are (variances)
calculated for 95% confidence limits and n = 15.
The Bjerrum distance of closest approach, aBjerrum,
calculated from 7% is 2.70 +0.03 A. This may
be comparedowith the sum of Pauling’s *ionic
radii,” 10 2.5¢c A., or with the experimentalu crystal-
lographic interionic distance, 2.75 A. The value
of acexp may be compared with Acstokes = 482,
calculated from Stokes law, 12 Pauling’s “ionic
radii” and the viscosity of the solvent which was
taken as 4.01 X 10-s poise.

Table |
Conductance of LiBr in SO2at 0.22°

Va At Va A6
4602e 59.7 12630 85.9
5515 63.2 15520 91.4
5919 64.9 16250 91.8
6214 66.4 17205 93.3
6638 68.4 17690 96.0
7631 71.2 21010 102.4
8218 73.3 22580 103.9

10645 80.0

In L mole-1. bln mhos cm.2 mole-1, corrected
solvent conductivity. c¢The maximum value of = 0.03,
where k is the reciprocal of the average radius of the ionic
atmosphere.

The value of 7% for LiBr is sufficiently small
that it is no' necessary to evaluate it by means of
the Fuoss procedure based on the extended On-
sager-Fuoss conductance equation nor can an a-
value be derived directly from the conductance
data.1s Shedlovsky’'s procedure is appropriate
for this ionophore and for KC1, KBr and KI as
well.  The value of aBjerrum for LiBr falls between
the sum of the Pauling radii and the experimental
interionic distance in the LiBr crystal. Thus,
this ionophore resembles KC1, KBr and Kl in its
association behavior; the data provide no reason
for concluding that solvation of the lithium cation
impedes its association with bromide anion to an
extent that differs significantly from that obtaining
with the potassium salts. The simplest explana-
tion is that the anions penetrate the solvation
sheaths of both K +and Li+.

In contrast, the mobility of the lithium ion
appears to be drastically reduced by solvation;
Ao for LiBr is substantially less than that of (C2
H54ANBr (215 at 0.16°4. Thus the hydrody-
namic behavior of Li+ is radically different from
that of all other ions we have investigated in liquid
S0z solution. In no other case has A°ep been
more than 10% less than Acstokes calculated from
Pauling ionic radii or (for quaternary ammonium
ions) from bond distances and angles and van der
Waals radii. Indeed, for all the 1:1 ionophores

(8) T. Shedlovsky, J. Franklin Inst., 225, 739 (1938).

(9) H. m. Daggett, 3. Am. Clem. Soc., 73, 4977 (1951).

(10) L. Pauling, “ Nature of the Chemical Bond,” Cornell University
Press, Ithaca, N. Y., 1948, p. 346.

(11) Ref. 10, p. 358.

(12) Ref. 2, p. 284.

(13) Cf. R. M. Fuoss and F. Accascina, “Electrolytic Conductance,”
Interscience Publishers, New York, N. Y., 1959, Chapter XVII.
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we have studied in S02 where the cation is a bulky
organic ion, A’ep is substantially larger than
A'Stokes-34

ON THE CONCENTRATION-DEPENDENCE

OF THE MOBILITY OF INCOMPLETELY-

DISSOCIATED UNSYMMETRICAL ELEC-
TROLYTES IN DIFFUSION

By J. M. Creeth and R. H. Stokes

Department of Chemistry, University of Wisconsin, Madison, Wisconsin
and

Department of Chemistry, University of New England, Armidale, N.S.W.,
Australia

Received February 8, 1960

It is known that a satisfactory explanation of the
concentration-dependence of the diffusion coeffi-
cient of weak or incompletely-dissociated sym-
metrical electrolytes may be found by expressing
the mobility term in the diffusion equation: as a
function of the individual ion mobilities, the mobil-
ity of the neutral molecule and the degree of dis-
sociation.2-4  The analogous case of unsymmetrical
electrolytes presents greater difficulties in interpre-
tation insofar as the Onsager-Fuoss series approxi-
mation for the electrophoretic correction does not
converge satisfactorily, but there is, in addition, a
further complication arising from the fact that the
association product is itself an ion. Thus a three-
ion system arises, and it is no longer possible to
equate the individual ion-velocities. Since it ap-
pears that much of the concentration dependence of
the mobility of such electrolytes may be accounted
for in terms of incomplete dissociation, :t has
seemed worth while to derive a solution in this
form; the following treatment applies specifically to
the case of 1:2 electrolytes (and, by reversal of in-
dices, to 2:1 electrolytes) but could be extended
to the general case without excessive difficulty.

For the case MX — M+ + MX“ 7"~ 2M+ + X*“

where the second dissociation proceeds to the extent
a, these relations are self-evident

Cl = ¢(1+ a); Ci= ca; €= c(l — a) (1)

M3 =
where ¢ represents molar or ionic concentration, m
chemical potential of a single i-ion, 1, 2, 3 the ionic
species M+, X=and M X-, and the absence of an
index denotes the neutral electrolyte as a whole.
By introducing the ionic velocities \in terms of ex-
pressions

Hi + Me; M= 2mi + M2 (2)

»i = «i[-(2>Mil&T) + zM ] (3)

where W\ are mobilities, z, ion valences, e the elec-
tronic charge and ~ the potential gradient due to
incipient charge separation, and substituting ap-
propriately for Z, one obtains the relations

A+ A=l @)

ul «2 u3

(1) L. Onsager and R. M. Fuoss, This Journal, 36, 2689 (1932),
(Equation 4-12-6).

(2) H. S. Harned and R. M. Hudson, J. Am. Chem. Soc., 73, 5880
(1951).

(3) B. F. Wishaw and R. H. Stokes, ibid., 76, 2065 (1954).

(4) G. T. A. Muller and R. H. Stokes, Trans. Faraday Soc. ss, 642
(1957).
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and
M

U U ax
Equation 4 describes the restrictions on the veloci-
ties in a three-ion system of one solute component.

The flow J, expressed in moles of solute per unit

area per unit time, may be written either as

J = (civi + c38/2 (6)
or as

J = civi cav3 (0

here we choose to use the form (s). Thus the fun-
damental flow equation becomes

J =\ +«>1+ (! )] (s)

Since there can be no net transport of charge, 2JiA
—o,o0r
@1 + a)i)i —2call —(1 —av3=10 9)
The operational definition of the diffusion coefficient
is
D = —J/i[ac/ax) (10)

while its theoretical formulation may be represented
as

D d
m u

so that we obtain the conventional expression for
the electrolyte mobility

u c(dc/cta)((Wdc)
Substituting appropriately from (5) and (s) we
find

1+ aM+ a0 —«O)rH

2 L 2viZui) + viZui J
and the use of equations 4 and 9 enables the \to be

(13)

eliminated. After some manipulations one finally
obtains
_ uivg1+ 09( —a) + ujuia{l + a) 4~ uviu3a(l — a)

uvi(1 + a) + 4alii + u3d\ — a)
(14)

which is the desired solution. We note the two

limiting cases

—0 — —-12— and (u)a-*o moe
(u)e A2, and (u)

a-ri Ui

Ui + us

which are, respectively, the standard formulations
for completely dissociated 1:2 and 1:1 electro-
lytes, as required.

In the use of equation 14 to substitute in the
relation

D = 3Mfcr[l 4 cd In ifi/dc]

(where 2+ is the stoichiometric mean ionic activity
coefficient on the c scale) it is apparent that the
mobilities appropriate to the particular ionic
strength (in this case I = c¢(I + 2a)) are required;
however, as it seems that the greatest uncertainty
will generally lie in the magnitude of a, it is likely
that the limiting values derived from ion conduct-
ances (W° = N\i°/FZ&\ where the symbols
have their usual significance) will be sufficiently
accurate. An application of this theory to the case
of thallous sulfate will be published shortly.
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Gas-liquid partition chromatography as an ana-
lytical tool is ideal for studying many organic reac-
tions because the reaction mixture is not disturbed
by the removal of the minute samples required in
analysis using this technique. These techniques
are being used in varied problems in chemical Ki-
netics.2-4

The acid-catalyzed reactions of enol acetates
with methanol may be explained by many different
mechanisms. Two possible mechanisms are
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The reactions of vinyl acetate and isopropenvl
acetate with methanol were studied in order to ob-
tain information on the variations in energy and
entropy of activation when an a-hydrogen is re-
placed by —CH3 in this little-studied reaction.
The relationship between rate and acid concentra-
tions was also studied.

Experimental

1. Materials.—Spectral grade methanol from Kast-
man Kodak Co., Rochester 3, New York, was used as re-
ceived. A vapor chromatography scan was obtained on
eaeh bottle to assure its purity. These scans showed no
methyl acetate, dimetbylacetal or acetone.

Vinyl acetate from E. |I. du Pont de Nemours it Co.,2

(1) E. I. du Pont de Nemours & Co., Inc., Electrochemicals De-
partment, Chestnut Run, Wilmington, Delaware.

(2) C. M. Drew, J. R. McNesby, Presented at Pittsburgh Confer-
ence on Analytical Chemistry ant. Applied Spectroscopy, Dec., 1950.

(3) A B. Callear, R. J. Cvent-anovic, Can. J. Chcm, 33, 1256
(1955).

(4) L. F. Hatch, Proceedings of ISA International Symposium on
Gas Chromatography, 1957, p. 9J.
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Inc., Electrochemicals Dept., was used after redistillation.
Vapor chromatography showed the material to be free of
acetic acid and acetaldehyde. This purified vinyl acetate
was kept refrigerated until used.

Isopropenyl acetate was used as received from Eastman
Kodak Co., Rochester 3, New York. Vapor chromatog-
raphy scans were used to establish the purity of this chemi-
cal.

2. Reaction Rate Studies.—Reaction rate studies were
carried out in a 250-ml. round-bottom flask connected to a
spiral reflux condenser. Methanol, cooled by passing
through a triehloroethylene-Dry Ice bath, was used in the
condenser.

The reaction mixture consisted of 99.0 g. of spectral grade
methanol and 1.00 g. of either vinyl acetate or isopropenyl
acetate. Immediately after mixing, the solution was cooled
to —68°, and either 1.5, 3.0 or 6.0 ml. of a freshly made
I rr solution of 1US04in methanol was then added depend-
ing on the acid concentration desired. The reaction mixture
was analyzed at the start and as often as possible during
each run.

3. Analysis.— Analyses were carried out in a Perkin-
Elmer Model 154 Vapor Fractometer using a 4-meter column
operated at 94-96°. The column contained Oarbowax 600
on Celite or Carbowax 1500 on firebrick for the vinyl acetate
studies and dimethylsulfolane on Celite for the isopropenyl
acetate studies. Samples (0.02 ml.) were withdrawn with
an Agla micrometer syringe and injected into the helium car-
rier gas stream. The ratio af the areas under the peaks were
used as a measure of the concentration of reactants and
products present. By analyzing standard samples, it was
shown that for the products being analyzed, and under the
above conditions, this was correct to within 2-3 G-.

The elution time for the various components in the re-
action mixture was established in separate experiments.
In addition methyl acetate was identified in the eluted gas
by mass spectral analysis, and acetone by the 2,4-dinitro-
phenyihydrazone derivative.

4. Calculation of the Thermodynamic Quantities for
the Reactions.—Kinetic data were obtained at three dif-
ferent temperatures, 30, 49 and 65°, for each of three con-
centrations of acid (0.24c, 0.490 and 0.980 meq. acid./
gram of acetate). The log of concentration of unreacted
acetate was plotted versus time for each temperature and
acid concentrations. Figure 1 is included to illustrate the
type of data obtained. The reactions under the condi-
tions described were all first order with respect to the ace-
tate concentration. The method of least squares was used
to calculate the specific reaction rate constants for the first-
order expression C, = C«e~kt. The calculated reaction
rate, constants were found to increase both with increase
in temperature and in acid concentration (see Table I).

Table |

Comparison of Kinetic D ata for Vinyl and lsopropenyl

Acetate
Acid
concn., ~---Tsopropeny 1 acetate-—-1
meq. Reaction Reaction
H* g tomi fo(X 10p temp., k(X 109
acetate °C min. 1 °c min. 1
0.245 31.1 1.24 zb 0 .05 32.4 0.75 + 0.04
49.0 3.32 dz 16 49.9 3.01 % 10
fit 0 S.97 + 32 67. T.47 £ .10
0.490 30,1 933rb 47 31.9 1.08+ 14
30 s 131zb .21 49.0 773+ 82
31.1 1.78 zb .21 05. 10.52 + 51
19 9 0.58 &b .16 00. 25.25 + 2.10
65. s It .00 % 55
00 1 21.08 zb 1.06
0.980 30.7 3.58 zb0.23 30.4 ®gg+ 0 15
49,0 15.42 zb 0 .73 30.2 3.28+ 0.12
06.4 28.70 zb 2.30 49.1 12.52 # 101
07.0 28.13zb 2.15 65.2 27.69 + 1.23
67.4 31 .22 £+ 2.74
5. Generalized Rate Equation. -A general rate equation

for the methanolysis reactions was derived by employing
all the experimental data.
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Table Il

Values of A//', AS*, AF* Obtained from Kinetics Data for Vinyl Acetate and |Isopropenyl Acetate in Table |
Using Arrhenius Equation Form k = A[H.+]tB~E' RT)

EacU
acetate kcal./mole

0.245
490
.980
.245
490
.980

Reactant

Vinyl acetate
12.0

Isopropenyl acetate
13.8

100 200 300 400

Time (min.)
Fig. 1. -Acid-catalyzed reaction of vinyl acetate and

methanol (1:99) weight ratio using 0.245 meq. acid/g. ace-

tate: (a)t = 31.1°, (b)i = 49.0°,(c)E = 64.6°.

500 000

Since
rate of reaction = ;[acetate concn.]
and k = Ain”e-E/RT
then

Ink = InA + Bln [ID] - | (1)

Using the experimental values of In k, In Il f and T
available, equation 1 may be solved for the constants In

A, band E by the method of least squares. For the vinyl
acetate-methanol reaction
Ink = 14.51431 + 0.85014 In [11+j - 6334.929")

3

with a standard deviation sint = 0.20219; and for the iso-
propenyl acetate-methanol reaction
In k = 10.33800 + 1.03410 In [11+] - 6960.318%,)
(3)

with a standard deviation si,,t = 0.20442 were obtained.

From the values of b in these equations, it is clear that the
reaction rates approach first order with respect to acid
concentration in each case.

The thermodynamic quantities AH*, and AS* obtained
from these calculated values of In k (Table 11) agree very

well with those obtained directly from the experimental
k values.

Log PZ
4.01
4.26
4.52
4.69
5.00
5.31

AH*

(E&Ct-nRT) t
kcal./mole

________ AS* o
cal./deg./mole
322°K. 338°K\
39.t
38.6

38.1
37.3
35.9
34.5

T = 303°K.
38.9
38.4
37.9
37.1
35.7
34.3

39.0
38.5
38.0
37.2
35.8
34.4

11.9

13.1

6. Discussion.— A mechanism for the attack of methanol
on the protonated enol acetate might involve an activated
complex

H+

~O:

w14

S+ S-

R 6 ---11

Ah,

Molecular models indicate more steric strain in the com-
plex involving isopropenyl acetate than in the vinyl acetate;
however, the probability factor (log PZ), determined ex-
perimentally, increases from vinyl to isopropenyl acetate.
This suggests that an electronic effect exists which has more
influence than the steric effect.

In the methanolysis reaction a negative enwopy of acti-
vation was obtained meaning that the activated state has
a more ordered structure than ohe ground state for the re-
actants. One such ordered structure that could be envisaged
for the activated state is

fe) +

R—C CH3—-C—OH

Ah2 A—CHa
\ /

H

The literature cites numerous examples whereby cyclic
compounds have lower entropies of formation than their
linear isomers.

The decrease in entropy in going to the activated complex
was greater in the case of vinyl acetate than in the case of
isopropenyl acetate. It is suggested that the methyl group
increases the number of degrees of freedom in the cyclic
activated structure to a greater extent than it does in the
linear ground state structure. This theory supports the
relationship between molal entropy and molecular structure
tabulated by Parks and Huffman5 Their calculations
show that substitution of a-CH 3group for a-H group in a
straight chain compound (to give branching) and in a ring
compound increases the entropy by approximately 3.2 and
7.7 o.u., respectively. There is a greater increase amount-
ing to 4.5 e.u. for the ring compound. In this work a
difference of 4.9 o.u. was obtained; i.e., the increase in
entropy when -Cl13replaces -H is greater for the activated
complexes than it is for the ground state by 4.9 e.u. The
«'lose agreement between experimental and theoretical
values is a justification for postulating a ring structure as
the activated complex.

The data show that the energy of activation for the iso-
propenyl acetate methanolysis is greater than that for the
vinyl acetate methanolysis. This can be explained on the
basis of the energy contents of the protonated complexes.
The inductive methyl group will stabilize the isopropenyl
acetate protonated complex so that its energy content is
less than that for vinyl acetate.6 This effect will be less

(5) (a) Parks and Huffman, “Free Energies of Some Organic Com-
pounds,”” Am. Chem. Soo. Monograph Series, No. 00, Chemical Cata-
log Co., New York (1932); (b) Rossini, J. Research Natl. Bur. Stand-
ards, 13, 21, 189 (1934).
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pronounced in the activated complex. An analogy is
found in the H. + D2reactions. The differences in ground
state energies for H2 and D2 account for the differences in
their activation energy for hydrogenation.7

Summary

1.* The experimental evidence points to a mecha-
nism in which the attack of the methanol takes
place at the carbonyl carbon in both acetates stud-
ied. Steric hindrance is not a predominant factor.

2. A suitable criterion for elucidation of reac-
tion mechanism results in the evaluation of the
entropy of activation as well as in the energy of ac-
tivation.

3. Gas-liquid partition chromatography lends
itself to studies in chemical kinetics.

Acknowledgments.—The authors are indebted to
members of the research staff of the Electrochemi-
cals Department for their encouragement. The
work of Mr. J. A. Love who conducted many of the
experiments is also appreciated.

(6) C. K. Ingold, Chem. Revs., 15, 225 (1934).

(7) S. Glasstone, “ Textbook of Physical Chemistry,” D. Van Nos-
trand Co., Inc., New York, N. Y., 1940, p. 1104.

THE TWO CRYSTAL FORMS OF
(ETHYLENE-DINITRILO)-TETRAACETIC
ACID

Bt It. B. LeB1anc and H. L. Spell

Texas Division, The Dow Chemical Company, Freeport, Texas
Received February 11, 1960

A very great number of papers have appeared
in the literature on (ethylene-dinitrilo)-tetraacetic
acid (EDTA). Most of them concern the analyti-
cal applications of this compound and the chelation
of it with metal ions.2's

The properties, including acid-base constants,
have been studied.s+ The infrared spectrum of
this compound has been reported,1 but no mention
was made that it has more than one form.

During a routine infrared analysis of some EDTA
precipitated by addition of acid to a solution of the
sodium salt a spectrum was obtained which
did not match the standard spectrum of EDTA.
Chemical analysis proved the compound to be
EDTA with a “different” spectrum. Further
work was done to substantiate that there are two
forms of EDTA.

Experimental

When EDTA is precipitated by acid addition to a solu-
tion of one of its sodium salts at room temperature, the low
temperature form (a) is produced. Precipitation at a
temperature near the boiling point of water produces the
high temperature form (/?). Most commercially avail-
able EDTA is the /3-form since high temperature precipita-
tion usually gives a purer product. The published infrared
spectrumlis for the 3form.

The a-form can be converted to the /3-form by suspend-
ing some of the former in water and boiling for a short time.
Attempts to convert the /3-form to the a-form by a similar

(1) D. Chapman, J. Chem. Soc., 1766 (1955).

(2) H. Flaschka, “EDTA Titrations,” Pergamon Press, New York,
N. Y., 1959.

(3) G. Schwarzenbach and H. Ackermann, Helv, Chim. Acta, 30,
1798 (1947).

(4) G. Schwarzenbach and H. Ackermann, ibid., 31, 1029 (1948).

(5) F. J. Welcher, “The Analytical Uses of Ethylenediaminetetra-
acetic Acid,” D. Van Nostrand Co., Princeton, N. J., 1958.
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method (stirring a suspension of the /3-form in water at
room temperature for 24 hours) were unsuccessful. This
conversion probably would take place by this method if
sufficient time were allowed.

The refractive indexes of the two forms were measured by
microscopy. These values are

a-form: 1.53-1.54
/3-form: 1.576-1.620

The infrared spectrum of 'he a-form is shown in Table
I. The infrared spectrum of the (j-form was determined
by Chapman.l1

Tabte |

Infrared Spectrum of the a-FORM of EDTA
The wave numbers in cm.-1 and the strengths of the bands

are listed: vw = very weak, w = weak, m = medium, s =
strong, vs = very strong.
670w 1059w shoulder 1380m
713s 1072w 1465m
814vw 1094m 1690vs
856m 1217m 2655w
910s 1235m 2860vw
933w 1260s 2995w
1040w shoulder 1282m 3020m
1348s

The X-ray diffraction patterns for the two forms are
shown in Table I1.
Table Il
X-Ray Diffraction Patterns for the Two Forms of
(Ethylenedinitrilo)-tetraacetic Acid
The diffraction data were obtained with ad\Norelco X-ray

diffractometer using iron K® radiation. dA. is listed fol-
lowed by 1/1i in parentheses.
a Form R Form
7.13( 16) 3.61(39) 2.41(5) 3.61(42) 2.48( 4)
6.90( 62) 3.42(26) 2.35(3) 8.0 ( 13) 3.45( 9) 2.43(11)
5.58(100) 3.17( 7) 2.28(5) 6.65( 5) 3.32(13) 2.39( 6)
5.03( 11) 3.02(28) 2.22(7) 5.41( 4) 3.09( 9 2.21( 4
4.68( 12) 2.94( 8 2.14(5) 5.14( 5) 3.02(10) 2.14( 2)
4.10( 40) 2.76(13) 2.12(6) 4.96( 28) 2.95( 2 2.10( 1)
3.99( 9) 2.75( 8 2.02(3) 4.42( 20) 2.79(16) 2.07( 1)
3.84( 16) 2.58(12) 1.97(3) 4.01(100) 2.71( 4 1.97( 1)
3.65( 56) 2.50( 7) 1.83(3) 3.79( 8 2.58( 4 1.93( 4
1.80(4)
Discussion

No difference in chemical properties was observed
for the two forms of EDTA nor was any difference
observed in the physical properties in solution.
The difference in physical properties of the two
forms can be attributed to two different crystalline
structures.

Acknowledgment.—The X-ray diffraction work
and the refractive index work were done by Knud
C. Poulsen and Dr. A. A. Levinson, respectively,
both of The Dow Chemical Company.

FLAME TEMPERATURE AND
COMPOSITION IN THE ALUMINUM-
POTASSIUM NITRATE REACTION
By A. W. Berger, D. Golomb and J. O. Sullivan
Geophysics Corporation of America, Boston 15, Massachusetts

Received February S, 1960

For the purpose of artificial electron cloud genera-
tion at high altitudes,:1 potassium vapors were re-

1) F. F. Marmo, L. M. Aschenbrand and J. Pressman, Planet.

Space Sci., 1, 227 (1959), et seq.
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Tabre |
Approximate Flame ComiMsITIOX AXD TeMPERATI RE Ix KXOj Al Systems

Mole L Hare
ratio jon -----——--—--Hame corposition in nolt<s* - T 2P

AL'KXO] st AN M) AsOig  AlOE) Al Gdg) aP K

TA= 0. 11 )
» . .002 0.023 0037 ib

1 Pt = 4410 atni. 0.950 0.039 0.00 55(
x 9 Fe=11 010 068 115 5200

Pt = 770 atm. .870 116 0.001

3 2. G5 Pc = 500 atm. .819 496 .029 .008 .036 4900
4 2 PO = 100 atm. ,848 .145 .015 080 .160 4600
5 3 Pc = 100 atm. 733 .745 .044 002 .003 4000
3 Pc= 1atm. 717 .783 024 .102 3600

In addition the flame consists also of 1 mole K(g) and 0.5 mole N2g) per mole of KNOj.

leased from rocket-borne canisters, by the reaction
of aluminum powder with potassium nitrate. In
order to estimate the number of free electrons in the
flame, obtained by ionization of potassium, flame
temperatures were calculated for various conditions
of release.

The following reaction products are considered
to be involved in simultaneous equilibria:zs
Ald 3(c), ALO(g), A10(g), 02(g), and 0(g), where ¢
represents condensed and g gaseous phase. N2(g)
and lv(g) are assumed to act as inert diluents only.
Minor products such as NO, N, K+ and c- are
neglected in estimating flame composition and
temperature.s Minimizing, thus, the number of
products and assuming ideal gas behavior, desk
calculation of equilibrium conditions is feasible.s
Equilibrium concentrations are calculated in the
usual way from the mass balance relations and
equilibrium equations. The heat of reaction is
then compared with the enthalpy change (from the
initial temperature) of the assumed equilibrium
products. The temperature at which heat balance
is achieved is defined as the flame temperature.

Equilibrium constants were calculated from
tabulated free energy functionssez The heat of
formation of the elements in their standard state at
298.16°K. is taken as zero. For AbO.”c) and A1:0-
(9), Aiffn= —400.1 and —39.4 keal./mole, respec-
tively, were adopted.s AlO(g) is usually present in
negligible amounts. For KNOs(c) and O(g), Aflf°
= —117.9 and +59.16 kcal./mole were taken,
respectively.s Since all alkali nitrates have simi-
lar heats of formation and the enthalpies of the
gaseous alkalies are alike (except Li)—no great

difference is expected in flame temperature andg

(20 M. A. Cook. “The Science of High Explosives,” Reinhold
Publ. Corp.. New York, X. Y., 195%* p. 389.

(3) “Preliminary Report on the Thermodynamic Properties of
Li, Be, Mg and Al,” Xatl. Bureau of Standards, Report 6297, 1959.

(4) For instance in a 4900°K. flame at 500 atm. the equilibrium
mole fraction of electrons is about 0.003. The heat of ionization
will not alter substantially the flame temperature. On the other
hand, such an electron concentration is detected easilj- by radio-
radar techniques.

(5) S. S. Penner, “Chemistry Problems in Jet Propulsion,” Ohapt.
13, Pergamon Press, New York, X. Y., 1957.

(6) E. A. Mickle, “Collected Thermodynamic Properties of 88
Possible Products of Reaction,” General Electric Co., Evandale, Ohio,
DF58AGT 111, 1957.

(7) R. Altman, “Thermodynamic Properties of Propellant Combus-
tion Products,” Rocketdyne Publication, R-669, 1959.

(8) “Selected Values of Chemical Thermodynamic Properties,”
Xatl. Bureau of Standards, Circular 500, 1952.

composition by substituting other alkalies for
potassium.

Table | gives the product composition and flame
temperature in KNO3Al mixtures at constant
volume (Fc) or constant pressure (Pc). For the
constant volume reactions the total pressure (Pt)
in the vessel is also calculated. The volume of 165
ml. iu Row 1 is the capacity of the canister
necessary to hold (without pressing) a mixture of
2 moles of aluminum powder (—200 mesh) and
one mole of potassium nitrate (—20 mesh). Row
6 gives the equilibrium conditions at 1 atm. con-
stant pressure. However, preliminary experiments
have shown the reaction to be extinguished at at-
mospheric pressure. In sealed bombs explosions
are produced.9

According to Table I, the flame temperature
increases with increased pressure in the vessel
and decreases with increasing AI/KNOs ratio.
The highest (calculated) flame temperatures are
obtained in the 2 ALIKN O3 systems—which is the
stoichiometric ratio.

As a first approximation, equilibrium electron
concentrations are calculated readily from a given
flame temperature and the ionization potential
of potassium by means of the Saha equation.D
The number thus calculated, however, is reduced
during the expansion of the products, due to re-
combination processes. An elementary treat-
ment of this problem will be presented elsewhere.

Acknowledgment.- This research was supported
in part under U. S. Army Signal Corps Contract
D A-36-039-SC-78971.

(9) A. W. Berger and L. Aschenbrand, Geophysics Corp. of America,
Boston 15, Mass., unpublished results.

(10) R. H. Fowler, “Statistical Mechanics,”
Press, London, 1936, 2nd edition, p. 372.

Cambridge Univ.

THE CALCULATION OF EQUILIBRIUM
CONSTANTS FROM SPECTRO-
PHOTOMETRIC DATA

By C. P. N asn

Department of Chemistry, University of California, Davis, California
Received February 16, 1960

Very recently there has been a revival of interest
in methods for treating visible and ultraviolet
spectral data to obtain equilibrium constants for
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complex formation.1 The equation deduced by
Benesi and Hildebrand,2 or modifications
thereof,s-5 has been most commonly employed in
this connection. These expressions all have a
common failing. Namely, they require an auxili-
aryquantity, the molar absorptivity for the com-
plex, to be determined before the object of primary
interest, the equilibrium constant, can be obtained.
The equation of Nakaguras does not have this
objection, but it is not well suited to other than
pairwise analyses of a series of data. From a
practical point of view, an application of the
expression given recently by Rose and Dragor
would require many auxiliary calculations to be
made before an equilibrium constant could be
obtained. A more serious objection, however,
is that their method in the general case does not
include a rapid means of verifying the existence of
a unique complex in order to justify a detailed
treatment of the data.

In many cases, complex formation is accompanied
by the appearance of a new spectral peak, e.g.,
the “charge transfer” absorption of the molecular
complexes of the halogens. In many other cases,
such as the “blue shift” absorption of these same
complexes or the absorption of hydrogen bonded
complexes, considerable overlap with the exist-
ing peaks of non-complexed molecules occurs.
It is the purpose of the present note to develop
an expression which will treat spectral data
specifically in the overlap region and permits a
direct evaluation of the equilibrium constant with
a minimum of computational labor.

Theoretical

We assume the existence of a chemical equi-
librium of the form

S+ D”™+1SD (1)

where D is any donor molecule and S is an ac-
ceptor substrate. For purposes of orientation we
assume that only S and SD absorb in the wave
length region of interest, and for temporary
mathematical convenience we assume the con-
centration of S to be very small relative to that of
D.

The equilibrium constant appropriate to reaction
1 is given in concentration units by

Kc = cih 2
where cc is the equilibrium concentration of SD
complex and c, and cd are the final concentrations
of Sand D. If both S and SD obey Beer’s law at
a given wave length, the total absorbance per cm.
of path (A) is given by

1 = e3C3 - ecCc 3)

where . and .. are the molar absorptivities of
species S and SD, respectively. In the absence

(1) S. P. McGlLvnn, Chem. Revs.. 58, 1113 (1958).

(2) H. A. Benesi and J. H. Hildebrand, J. Am. Chem. Soc., 71,
2703 (1949).

(3) J. A. A. Kelelaar, et al., Rec. trav. chim., 71, 1104 (1952).

(4) R. L. Scott, ibid., 75, 787 (1956).

(5) R. M. Keefer and L. J. Andrews, J. Am. Chem. Soc., 74, 1891
(1952).

(6) S. Nakagura, ibid., 76, 3070 (1954).

(7) N. J. Rose and R. S. Drago, ibid., 81, 6138 (1959).
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of complexing agent D the total absorbance per
cm. is given by

1" = £35 4)
where Cs® is the initial concentration of S. If

we divide eq. 3 by eq. 4 and substitute for Cc
from eq. 2 we find

e -M >+ “ d ©)
By introducing conservation of species S
&=c, +C (6)
and invoking eg. 2 a second time we find
% = (KCd + 1«1 @
When eq. 7 is substituted into eq. e there results
i | + -éKCd
T :+ Ko ()
For manipulative ease let us define
Tz ©
Kedes = a (10)
Cd=lUT (1D
so that eq. s becomes
7 @ + alyY)
@ + K/7Y) (12)

Equation 12 may be solved explicitly for Y to
obtain

Y KZ —a

1- 2 (13)

When we now define
X=1U1 - 2 (14)
and substitute eq. 14 into eq. 13 there results
the linear equation
iSO PN

B (15)

The physical significance of eq. 15 is quite clear.
When the reciprocal of the donor concentration is
plotted against the reciprocal of (one minus the
absorbance ratio), a straight line should result if
1:1 complex formation occurs. The intercept
of this line is the negative of the equilibrium con-
stant, and the slope is related to the molar ab-
sorptivity of the complex. Equation 15 may be
generalized to include Tie formation of a single,
more complicated complex SD« simply by raising Y
to the n'th power. In addition, either concentra-
tion units or mole fractions may be used to ex-
press the amount of D present without altering
the form of the final equation.

Discussion

In order to demonstrate the utility of eq. 15 in
the determination of equilibrium constants we
have selected several sets of data from the litera-
ture and applied our method to them. The data
of Ketelaar, et al..3son the system dioxane-iodine
in carbon tetrachloride solution recently have been
reanalyzed by Drago and Rose.s Because the
original data are very complete, this system af-

(8) J. A. A. Ketelaar, et al., Rec. trav. chim., 70, 499 (1951).
(9) R. S. Drago and N. J. Rose, J. Am. Chem. Soc., 81, 6141 (1959).
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Fig. 1.—DioxanModine speetrophotometrie data of Ketelaar3
plotted according to eq. 15.

Fig. 2.—Dibutyl ether-iodine speetrophotometrie data
of Keefer and Andrews1l plotted according to eq. 15.

fords a particularly good test of our method. In
Fig. 1 we have plotted the Ketelaar data at 4514
A., expressed in concentration units, according
to eq. 15. When all the points are included, we
obtain an equilibrium constant, by least squares
analysis, of K¢ = 1.17 + 0.04 and a molar ab-
sorptivity of the complex of ec = 957 £+ s. These
values are to be compared with Ketalaar's values
of KO — 1.05 and @ = 988. Drago and Rose
report the values of Kc = 1.14 + 0.03 and e, =
979 + 10. It is to be noted that our analysis and
that of Drago and Rose lead to values of the prod-

N otes
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uct Kcec (a fundamental quantity in the Benesi-
Hildebrand and Ketelaar equations) which are
virtually identical, and which exceed Ilvetelaar's
own value for this quantity by some 7%. Evi-
dently our method and that of Rose and Drago
simply apportion this product between the -two
component factors in a slightly different manner.
It has been noted previouslys that the iodine-
dioxane spectra do not form an isosbestic point,
with the pure iodine spectrum when the dioxane
concentration exceeds : M. We find that the
dilute solution data yield an equilibrium constant
of 1.18 = 0.04 while the data at concentrations
1 M and above are best fit by a constant having
magnitude 1.08 + 0.02. These results are again
within the limits of error given by Drago and Rose.
It is tempting to attribute the change in equilibrium
constant to the formation of a second dioxane
complex. However, when the data are analyzed
in this fashion (by subtracting out the absorbance
due to free iodine from the experimental value and
using the calculated absorbance of the 1:1 com-
plex as Abin eq. s), the scatter is extremely bad
and constants ranging from +0.2 to —0.5 can be
obtained. In addition, it is reasonable to suppose
that the neglect of dioxane activity coefficients
could contribute about as much to the change in
Kc as would a second complex. Dioxane and the
solvent carbon tetrachloride have been shown to
form a compound in the solid state.10 Interaction
between dioxane and the solvent would have the
largest relative depressant effect on the dioxane
activity in the most dilute solutions, and it isin
these that the largest equilibrium constants for
complex formation with iodine are observed.

According to eq. 15, data taken at various wave
lengths should yield a family of straight lines having
a common intercept and different slopes. To
illustrate, we have plotted in Fig. 2 the data of
Keefer and Andrewsu on the system dibutyl
ether-iodine in cyclohexane solution. The three
lines correspondjng to data at wave lengths 4400,
4600 and 4700 A. have nearly the same intercepts
and y'ield an equilibrium constant 7vc = 0.79 *
0.05. Keefer and Andrews:: have reported the
value 0.74.

To illustrate the applicability of our expression
to hydrogen bonding equilibria, and also to indicate
the errors which may arise when the assumption
that the non-absorbing species is present in very
large excess is not justified, we have examined the
data of Nakagura and Goutermanis on the system
phenol-triethvlamine in n-heptane. The data were
taken from Fig. 5 of their paper. The excesses of
triethylamine over phenol which they used ranged
roughly from 25 to 500-fold. If the concentrations
of triethylamine are not adjusted to correct for
complexing, we obtain an average equilibrium con-
stant, of 78.6 based on data at 2740 and 2800 A.
If a cyclic procedure is adopted to correct the amine
concentration, however, a value of 82.0 is obtained.

(10) S. M. S. Kennard and P. A. McCusker, ibid., 70, 3375 (1948).

(11) R. M. Keefer and L. J. Andrews, unpublished data.

(12) R. M. Keefer and L. J. Andrews, J. Am. Chem. Soc., 75, 3561
(1953).

(13) S. Nakagura and M. Gouterman, J. Chem. Phys., 25,
(1957).
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The latter value agrees well with the figure 83.8
cited for this system, when the errors inherent in
obtaining the data from small scale graphs are con-
sidered.

The necessity for a cyclic procedure when in-
sufficient excesses of complexing agent are encount-
ered is not a serious deterrent to the general utility
of the present method, for the data at the two or
three highest concentrations will serve to establish
immediately the order of magnitude of the con-
stant. Furthermore, during the refinement process
the movement of a particular point on a plot of the
defined variables X and Y will be always in the
direction of increasing Y at constant X, with the
greatest displacement occurring at values of X
farthest from the origin. Hence the first approxi-
mation to the value of the equilibrium constant will
yield a value which is too small. The ability to pre-
dict the direction in which K will go upon improv-
ing the calculations is of considerable value in
analyzing the data. It should be mentioned also
that refinements in the calculations affect only two
of the four sums required to carry out least squares
treatments, and we have found this method to be
nearly as rapid as graphical techniques for obtain-
ing numerical results. Also, the long extrapolations
sometimes required to obtain an intercept
graphically can introduce several per cent, error
into the equilibrium constant, even when the vari-
ables do not need to be adjusted for concentration
differences due to complexing.

becknowledgn ent.—The author is indebted to
Professors R. M. Keefer and L. J. Andrews for
supplying their data on the dibutyl ether-iodine
system, and for valuable discussions on the subject
matter of this note.

INFRARED ANISOTROPY OF TRICLINIC
trans-H-OCTADECENOIC ACID

By Anne S. Jahn and H. Susi

Eastern Regional Research Laboratory,! Philadelphia, Penna.
Received February 22, 1960

A previous investigation with polarized infrared
radiation indicated that crystalline frans-ll-octa-
decenoic acid has a more regular structure than any
of the known forms of saturated normal fatty acids.2
The present communication reports the results of a
similar study on frans-s-octadecenoic acid. Pow-
der diffraction work has shown that in the trans-s
through trans-12-octadecenoic acids all odd and all
even acids have a similar structure but substantial
differences exist between the two groups.s It be-
came obvious at the beginning of the present inves-
tigation that b-ans-s-octadecenoic acid crystallizes
in the triclinic system. Application of polarized
infrared methods to molecular crystals is compli-
cated by the fact that structurally significant di-
rections are defined inside the absorbing medium,
whereas the propagation direction and polarization
of the radiation beam is easily identified only out-

(1) Eastern Utilization Research and Development Division, Agri-
cultural Research Service, U. S. Department of Agriculture.

(2) H. Susi, J. Am. Chem. Soc., 81, 1535 (1959).

(3) E. S. Lutton and D. G. Kolp, ibid., 73, 2733 (1951).
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side the medium.s Particular care is necessary
with triclinic systems and the results must be ex-
pected to be of a more qualitative nature than in the
case of crystals with higher symmetry.ss Addi-
tional experimental wcrk on triclinic crystals should
help to evaluate the usefulness and/or limitations of
such studies.

Experimental

The sample has been described.6 An oriented film be-
tween rock-salt plates was prepared by previously dis-
cussed methods.2 A Perkin-Elmer Model 21 instrument
equipped with a rock-salt prism and silver chloride polarizer
was used. It was not possible to specify the exact orienta-
tion of the sample. It was assumed that the layers of the
end-groups were parallel to the planes of the sample,
as found for previously investigated acids,2 and parallel to
the ab planes as in all known saturated acids.7 This as-
sumption is supported by the polarization of the OH stretch-
ing band which is very similar to form C stearic acid.2
The band is apparently polarized in a unique direction,
which we call ¢'.  The projection of ¢' on the plane of the
sample is designated a, the direction perpendicular to a and
to c' is called b. a, b and c' coincide with corresponding
directions in Fig. 1 of reference 2. Bold face letters are
used to avoid confusion with crystallographic axes. Spectra
were first obtained with the electric vector e along a, b,
a', a", b'and b". (The nomenclature is identical with the
one used in earlier work.2) Additional data were obtained
with perpendicular incidence and the electric vector at 15°
increments, parallel to the sample plane. The directions
of the electric vector refer to the beam before it enters the
sample.

Resullt

The spectra obtained with tilted radiation beams
revealed no planes or glide planes of symmetry, in
contrast to the previously studied ¢rans-11 acid and
the saturated parent compound, stearic acid.2
CH:2 rocking and bending bands around 720 and
1470 cm.~: were not found to be split and polarized
in the manner which is characteristic for orthorhom-
bic hydrocarbon substructure.2.s Absence of an in-
phase C =0 stretching band, known from Raman
measurements to occur around 1650 cm.-1,9 Sug-
gests centrosymmetric dimers, as in all previously
studied carboxylic acids.

These observations indicate that centrosymme-
tric dimers are packed into a triclinic system in such
a way that no orthorhombic hydrocarbon substruc-
ture results. The highest possible space group
symmetry is Cd-Pl.

Because of the low over-all and substructure
symmetry, the polarization of all the numerous ab-
sorption bands is not discussed; nor is a detailed
assignment attempted. The spectra observed with
e along a and b (perpendicular incidence) and the
spectra with e approximately parallel or perpen-
dicular to c' (within the ac plane, nonperpendicular
incidence) are shown in Fig. 1. a, b and c¢' have
been defined in the Experimental section. Some
qualitative suggestions about the shape and pack-
ing of the molecules are made on the basis of split-
ting and polarization of well-known group-fre-

(4) R. Newman and R. S. Halford, 3. Chem. Phys., 18, 1276 (1950).

(5) (@) R. Newman and R. M. Badger, ibid., 19, 1147 (1951); (b)
H. Susi, Spectrochim. Acta, 1063 (1959).

(6) D. Swern, L. P. Witnaner, S. A. Fusari and J. B. Brown, J. Am.
Oil Chemists’ Soc., 32, 539 (1955).

(7) E. v. Sydow, Arkiv Kemi, s, 231 (1956).

(8) S. Krimm, C. Y. Liang and G. B. B. M. Sutherland, 3. chem.
Phys., 25, 549 (1956).

(9) J. H. Kibben, Chem. Revs., IS, 1 (1936).
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Fig. 1.—Infrared spectrum of ;ran.s-8-oetadecenoic acid: A, electric vector along a (solid line) and b (dotted line); B, elec-
tric vector within the ac' plane, approximately perpendicular to ¢' (solid line) and parallel to c' (dotted line).

guency bands listed in Table 1. Bands which are
sufficiently free from extensive overlap have been
chosen.

Tabre |

Position and Polarization of Some Group-Frequency

Bands
. - Polarization-------- !
Description cm.-i ab plane ac plane
(Carboxyl bands)
OH str. 3100 a 11t0 ¢'
O= O f 1706 a
t 1693 b
r 940 a X toc'
OH 0.0.p. bend. \
P " 881 b J toc'
COO def. 676 a ! toc'
(CH2bands)
CHo sym. str. 2850 a + 30° X toc'
CH2bend 1469 a+ 30°
CH2rock 719 b + 30° X to c'
(ircms-HC =CH — bands)
. a J- 75° X toc'
HC=CH o.0.p. bend. n
P J a — 75° X toc'

All OH bonds seem roughly parallel to each other
and to the main axes of the molecules. The split-
ting of the C =0 stretching and OH out of plane
(0.0.p.) bending bands into oppositely polarized
branches indicates two sets of carboxyl groups with
non-parallel planes. The frequency difference be-
tween the 940 and 881 cm.- 1 branch of the OH
bending band is much larger than is usually ob-
served for factor group splitting and could mean
that non-equivalent sites are occupied. The
relative polarization of the CH2 bands is correct and
suggests that the major portions of the hydrocarbon

chains are parallel to each other, but probably not
parallel to the planes of any of the carboxyl groups.
The —HC=CH— 0.0.p. bending band is split into
a doublet, both components being polarized the
same way: perpendicular to the chains but neither
perpendicular nor parallel to CHzor carboxyl bands.

The molecules, like the ones of the previously
studied lrans-11 acid,2 seem to be considerably
twisted, but the resulting structure must be differ-
ent: roughly parallel hydrocarbon chains (strongly
tilted with respect to the layers of end groupsd
connected to non-parallel carboxyl groups in a tri-
clinic over-all structure.

EVIDENCE FROM INTRINSIC VISCOSITY
AND SEDIMENTATION FOR
HYPERCOILED CONFIGURATIONS OF
STYRENE-MALEIC ACID COPOLYMER

By W alter Dannhaiiser, William H. ¢ laze,
Ray L. Duerttgen and K azijhiko Ninomiya

Departments oj Chemistry, University of Wisconsin, Madison, Wisconsin,
and University of Buffalo, Buffalo, Xeir York

Received February 13, 1960

Some data concerning the viscometric behavior
of stvrene-maleic acid copolymer (SYMA) in
aqueous solutions haie been reported previously
by Ferry and co-workers.1 In pure water, the
reduced viscosity curves are concave upward,
typical of a polyelectrolyte. On addition of hydro-
chloric acid, the curves flatten and extrapolate
to progressively smaller intrinsic viscosities. A
sample of M = 190,000 in 0.006 N HC1 at 25° had
[7] = 0.09, for example. On further addition of

(1) J. D. Ferry, D. C. Udy, F. C. Wu, G. E. Heckler and D. B.
Fordyce, J. Colloid S ci6. 429 (1951).
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hydrochloric acid, phase separation occurred. In
fact, it was found later that fractionation of a
sample could be effected by progressive acidification
of an aqueous solution.z

From the thermodynamic theory of phase sepa-
rations it might he expected that 0.006 N HC1
should be close to a 0-solvent at 25°. However,
I'lory’s expressions for the intrinsic viscosity, [7] =
KM'/'a3 predicts that the intrinsic viscosity in a
o-solvent (a = 1) will lie the smallest observed,;
and estimation with a reasonable value of K =
g X 10-4 gives [#© = 0.35 for M = 190,000.
Thus the observed intrinsic viscosity is smaller
than the theoretical minimum by a factor of 4.
We wish to report some preliminary experiments
aimed at resolving this apparent anomaly. The
polymer was taken from the same source as in the
earlier study.

In order to obtain directly the properties of the
uncharged molecule, for which hydrodynamic
theories are well developed, it was necessary to
find a non-ionizing O0-solvent. Exploratory studies
established the utility of sec-butyl alcohol for this
purpose, and from phase separation studies with
fractions of different molecular weights in the usual
manners the Flory temperature was determined to
be 40°. The 0 point was further confirmed by
absence of a second virial coefficient in the con-
centration dependence of osmotic pressure. Added
hydrochloric acid had no effect o11 the viscosity in
this solvent. Intrinsic viscosities and sedimenta-
tion constants were obtained for two well-character-
ized fractions of SYMA in sec-butvl alcohol at 40°
and also in a 0.006 N HC1-0.008N KC1 aqueous
solution at 25°. The latter solvent composition
was chosen to give a stable solution in which the
upsweep of the reduced viscosity curves was almost
completely repressed. The potassium chloride was
added to the ionizing solvent to minimize the sedi-
mentation drag of the counterions.s The aqueous
acid solutions were water clear and remained so
for at least several days. They then gradually
became turbid and eventually a precipitate formed.
Molecular weights were determined osmometrically
in sec-butyl alcohol at 40°. The experimental
results, as well as some derived parameters, are
given in Table I. Here/is the friction coefficients
(Results for two other, less precisely characterized
fractions were in qualitative agreement with those
reported here.)

The viscometric and sedimentation data in sec-
butyl alcohol are in general accord with current
theories and there is little doubt that they are
characteristic of the unperturbed random coil.
The extremely small intrinsic viscosities and ab-
normally large sedimentation constants found in

(2) A blend of relatively low molecular weight was fractionated
from 0.5% aqueous solution by successive additions of hydrochloric
acid; the successive HC1 normalities yielded percentages precipitated
with intrinsic viscosities as follows: 0.0150 N, 60%, 0.51 dl./g.; 0.0175
-V, 23%, 0.48 dl./g.: 0.0300 A, 5%, 0.31 dl./g.; 0.0500 A', 2%, 0.26
dl./g. The intrinsic viscosities refer to the polyacid in 90% aqueous
dioxane at 25°. This experiment was suggested by Dr. E. R. Garrett.

(3) P.J. Flory, “Principles of Polymer Chemistry,” Cornell Univer-
sity Press, Ithaca, N. Y., 1953, Chapter XIII.

(4) Reference 3, p. 612.

(5) T. Svedberg and K. O. Pedersen, “ The Ultracentrifuge,” Oxford
University Press, New York, N. Y.. 1940, Chapter 2.
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Table |

Polymer fraoion 4A B2-RHB
A7 74,000 200,000
[77]o , sec-butyl alcohol, 40c 0.35 0.55
[7, aqueous HC1-KC1, 25’ .049 .061
as = [na]/[70 140 111
a .52 .48
$ X 1013 sec-hutyl alcohol, 40° 2.69 4.41
$ X 1013 aqueous HCI-KOI, 25° 9.75 26.4
(/17 X 10 ' § sec-butyl alcohol,

40°, 70 = solvent viscosity 4.8 7.2
(/17T X 10~% aqueous HC1-

KC1, 25° 1.6 1.6

the aqueous system indicate that we have here a
truly hypercoiled configuration. Assuming that
the intrinsic viscosity of the tightly coiled molecule
still has the same functional dependence on
molecular parameters as does the random coil, we
see that the coil has contracted by a factor of two.
Comparison of the friction factors leads to quali-
tatively similar conclusions but large experimental
uncertainties in these data preclude a more de-
tailed analysis.

Summary.—The inordinately small intrinsic
viscosity of SYMA in acidified aqueous solution is
due to the fact that the solvent is actually much
poorer than a O-solvent. Precipitation, when it
occurs, probably is based on Kinetic rather than
thermodynamic relations. Because of the meta-
stability of the solution, it has been possible to
study a polymer in which the expansion factor a
is appreciably smaller than unity.
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SPECTROSCOPIC EVIDENCE OF AN
ALUMINA CATALYZED SURFACE
REACTION BETWEEN AMMONIA

AND CARBON DISULFIDE

Hy E. P. Parey and H. Rubalcava

Union Oil Company of California, Research Center, Brea, California
Received February 23, 1960

During some preliminary studies of the infrared
spectra of various gases adsorbed on aluminas, a
reaction between carbon disulfide and ammonia was
observed. Our data can be interpreted in terms of
the alumina catalyzed reaction

4XH, + CS2 XIRSCX + (XH.bS (1)

This reaction is known in solution but the rate of
reaction is small. Carbon disulfide and excess
concentrated aqueous ammonia react very slowly
at room temperature to give ammonium thiocva-
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Wave length (p).

Fig. 1.—(a) ~-alumina background; (b) after exposure to
XH j-CSj mixture then pumping off at room temperature; (c)
7-alumina background; (d) same as (b) for 7-alumina.

nate.1 In the gas phase the reaction does not go
except at “red heat.” 2

When mixtures of ammonia and carbon disulfide
are exposed to an infrared transparent disc of
partially dried g (or 7) alumina for 5 to 10 minutes,
then the gases pumped off, an absorption band at
2090 cm.-1 is found in the spectrum. This band
does not appear when either gas is used alone, or
when silica is used as adsorbent. The band increa-
ses in intensity with increasing carbon disulfide
concentration. Under optimum conditions, the
band can just be detected with a carbon disulfide
concentration of about 0.0,4%. Miller and Wil-
kenss have reported that the thiocyanate ion has a
strong absorption band in the region 2020 to 2090
cm.-1. We suggest that our experimental facts
are consistent with the occurrence of a surface
reaction similar to reaction 1 with the alumina act-
ing as catalyst.

If, after exposure of the alumina disc to the
gases, the cell is evacuated (< 10-4 mm.) and slowly
heated to about 200 °, the intensity of the band in-
creases markedly, indicating that reaction 1 goes
further to the right with increasing temperature.
The removal of the absorption band at 2090 cm.-1
is not easily done, requiring temperatures of up to
350° with concomitant evacuation for two hours
or more. This implies that the ammonium thio-
cyanate formed by reaction 1 is strongly chemi-
sorbed to the alumina surface.s

If excess carbon disulfide and a small amount of
ammonia are used, the spectrum is complicated by
an additional band at 2070 cm.-1 which is easily
removed upon evacuation. This weakly adsorbed
species is probably carbonyl sulfide which has a
fundamental vibration in the gas phase at 2060
cm.'l Whether thisisformed by the direct reaction
of carbon disulfide with alumina* or results from the

(1) E. Wertheim, J. Am. Chem. Soc., 48, 826 (1926).

(2) J. W. Mellor, “A Comprehensive Treatise of Inorganic and

Theoretical Chem.,” Vol. VI, Longman's, Green and Co., London,
1925, p. 112.
(3) F. A. Miller and C. H. Wilkens, Anal. Chem., 24, 1254 (1952).
(4) H. J. Callomon, et al., Proc. Roy. Soc. (London), 208A, 341
(1951).
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hydrolysis of HSCN on the surfacees7 cannot be
decided with the data available.

Our data indicate that ~-alumina is better than
7-alumina as a catalyst for this reaction at room
temperature. The figure shows spectra obtained
after admitting ammonia containing 0.07 mole %
carbon disulfide to two similar (z.e., approximately
the same thickness, surface area, prior treatment
and infrared transmission in the region of 5 ) discs
of p- and 7-alumina for 5 to 10 minutes, then
evacuating for 45 minutes. The 2090 cm.-1 band is
quite prominent when ~-alumina is used as an ab-
sorbent. while it cannot be seen with 7-alumina.
However, the intensities of the two bands are ap-
proximately equal after each absorbent-adsorbate
mixture is heated slowly to 200°. This variation
in reactivity may be caused by differences in Lewis
acidity' between the two aluminas.

The various adsorbents were used in the form of
thin self-supporting waferss Surface areas of
about 200 m.2/g. and disc thicknesses of about 20
mg./cm.2 were typical. The reactions were made
in an in situ cell somewhat like that of Eischens,
et al..9and the spectra were obtained with a modi-
fied Beckman IR-2A spectrophotometer employ-
ing sodium chloride optics.

(5) L. A. Munro, et al., Trans. Roy. Soc. (Can.) Ill, 28, 29 (1934);
Can. J. Res., 9, 124 (1933).

0) N. V. Sidgwick, “The Chemical Elements and their Com-
pounds,” Vol. I, Clarendon Press, Oxford, 1950, p. 675.

(7) T. Moeller, “Inorganic Chemistry,” John Wiley and Sons, Inc.,
New York, N. Y., 1952, p. 690.

(8) R. H. Lindquist and D. G. Rea, paper presented before the
Physical and Inorganic Division of the American Chemical Society,
September, 1957.

(9) R. P. Eischens, S. A. Francis and W. A. Pliskin, This Journal,
60, 194 (1956).

REACTION OF NKN-PISALICYLTDENE-
1.2-PROPANEDLAMINE WITH COPPER (I1)
IONS IN AQUEOUS ISOPROPYL
ALCOHOL SOLUTION

By ICermit B. W hetsei,
Tennessee Eastman Co., Division of Eastman Kodak Co., Kingsport,
Tenn.
Received February 4, 1960

The reaction of N~N~disalicvlidene-l 2-pro-
panediamine (A) with copper (I1) is generally rec-
ognised to result in the formation of a 1:1 violet
complex.1 In the course of working with these reac-
tants in 50% aqueous isopropyl alcohol solution, it
became apparent that more than one reaction was
taking place. The potentiometric and spectro-
photometric work which subsequently was carried
out in order to clarify the course of the reaction in
the mixed solvent system is described in this note.

Experimental

Apparatus and Materials.— Spectra were measured with a
Cary Model 14 spectrophotometer using 1.00-cm. silica
cells. Apparent, pH readings in 50% (by volume) aqueous
isopropyl alcohol solution, hereafter called the solvent, were
measured with a Beckman Model G pH meter standardized
with aqueous buffers.

(1) (@ A. E. Martell and M. Calvin, "Chemistry of Metal Chelate
Compounds,” Prentice-Hall, Inc., New York, N. Y., 1952, pp. 289-
292; (b) J. C. Bailar, Jr., "The Chemistry of the Cofirdination Com-
pounds," Reinhold Publ. Corp., New Ycrk, X. Y., 1950, > 223.
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Stock solutions of all reagents were prepared in 50% aque-
ous isopropyl alcohol solution. A recrystallized sample of A,
m.p. 52-53°, and distilled samples of salicylaldéhyde and 1,2-
propanediamine were used. An aqueous stock solution of
Merck reagent grade copper(ll) chloride was standardized
by the iodine-thiosulfate method.2 The acetate buffer was a
10:1 mixture of 0.42 M acetic acid and sodium hydroxide
solutions, and the borate buffer was a G: 1 mixture of 0.22 M
boric acid and sodium hydroxide solutions. The 2,2,4-tri-
methylpentane was Eastman Kodak Spectre Grade.

Preparation of Samples.—Except where otherwise noted,
the following procedure was used to prepare samples for
apparent pH and absorbance measurements. To each of a
series of 50-ml. volumetric flasks were added, in order, the
desired aliquots of 2.35 X 10“2.1/ solutions of A, salicylal-
déhyde and/or 1,2-propanediamine, 5 ml. of 0.08 Ar hydro-
chloric acid, the desired aliquot of 2.35 X 10-2 M copper(ll),
and enough solvent to make the volume about 35 ml. Ace-
tate buffer, sodium hydroxide or hydrochloric acid solution
was added to give the desired apparent pH, and the volume
was then brought to 50 ml. with solvent.

In the potentiometric titration of mixtures of copper(IT)
and A, the sodium hydroxide was added in one increment
when the ratio of base to metal was less than 6:1; for the
more alkaline solutions six moles of base per mole of metal
were added initially, and a second addition of base was made
2 hours later. This procedure prevented the precipitation of
copper hydroxide except in the very alkaline solutions.

Mole ratio3 and continuous variation4 experiments were
carried out at apparent pH 4.5 using 10 ml. of the acetate
buffer for the initial pH adjustment and a small amount of 0.5
N hydrochloric acid or sodium hydroxide solution, added a
few hours later, for the final adjustment. The spectra were
measured immediately and after 22 and 48 hours. Similar
data were obtained at apparent pH 8.8 by mixing, in order,
20 ml. of the borate buffer, 14 ml. of solvent, the desired
aliquots of copper(l1) and of A, and enough solvent to bring
the volume to 50 ml.  Much of the eopper(ll) precipitated
in the buffered solution, but the precipitate gradually dis-
appeared after A was added. The spectra were measured
16 hours after mixing. The formation of the violet complex
was incomplete when the buffer was added to acidic solutions
of the reactants and wdien copper(l1) was added to buffered
solutions of A.

The reaction of copper(ll) with 1,2-propanediamine and/
or salicylaldéhyde was studied using a series of solutions
having reactant ratios of 1:0:0, 1:0:2, 1:1:0, 1:1:1,
1:1:2, and 1:1:4. The apparent pH was adjusted to 4.5
with sodium hydroxide solution three times over a two-day
period before measuring the spectra (Fig. 1). The apparent
pH then was adjusted to 8.5 with alkali, and the spectra
wore measured at intervals over the next month (Fig. 2).

Using acetate buffer to maintain the apparent pH at 4.5,
four solutions wore prepared in which the ratios of copper(Tl),
I, 2-propanediamine, and salicvclaldehyde were ('ll 1:1:0.5;
(2) 1:1:1; (3) 1:1:2; and (4) 0:0:U A fifth solution in
which the reactant ratios were the equivalent of 1:1:2 was
prepared by mixing equimolar amounts of copper(ll) and A.
The concentration of salicylaldéhyde in solution 4 and of
copper(ll) in the other solutions was 2.35 X HU3M . After
being allowed to stand overnight, the solutions were ex-
tracted three times with 2,2,4-trimethylpeiitane (the blue
complex remained in the aqueous layer). The ultraviolet
spectra of the ext mets were measured and the concentrations
of salicylaldéhyde were calculated. The extract ion efficiency,
determined with sample 4, was 91%,.

Results

Between apparent /HI 2.8 and 4.(1, only a blue
complex having an absorption maximum at 620
mp was formed. This reaction was almost com-
plete within 2 hours and three protons were re-
leased for each copper(ll) ion present. Both the
potentiometric and the spectrophotonietric data

(2) F. P. Treadwell and W. T. Hall, “Analytical Chemistry,” Vol.
11. 9th ed., John Wiley and Sons, Inc., New York, N. Y., 1942, p. 611.

(3) (@ J. H. Yoe and A. L. Jones, ind. eng. Chem., ana1. ea., 16,
111 (1944); (b) J. Il. Yoe and A. E. Harvey, Jr., J. A?%. Chem. Soc.,
70, 648 (1948).

(4) (a) P.Job, Ann. Chim., (10] s, 113 (1928); (b) W. C. Yosburgh
and A. R. Cooper, J. Am. Chem. Soc., 63, 437 (1941).
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Fig. 1.—Spectra of mixtures of copper(ll), 1,2-propanedia-
mine and saiioylaldehyde at apparent pH 4.5; 2.35 X 10~3

(Cull); Cu(ll): amine: aldehvde ratios of: (1)-—--
1:0:0: )2)-—- 1:0:2; (3(-——-- 1:1:0; (4)C-——-- 01:1:1;
anil (5)-------------mme- 1:1:2.

Wave length, mp.

Fig. 2.—Spectra of mixtures of copper! 1), 1,2-propane-
diamine and saiioylaldehyde at apparent pH 8.5; 2.35 X HU3
M Cu(ll); Cu(ilp amine: aldehyde ratios of: (1)
1:0:2; (2)--—-mmm- 1:1:0; (3) 1:1:1 immediately
after pH adjustment; (4)--—-- 1:1:2 immediately after pH
adjustment; (5) O— O 1:1:1 34 days after curve 3, pH 8.2;
(6) 1:1:2 after 3 adjustments of pH to 8.5;
and (7) — —1:1:4 after 3 adjustments of pH to 8.5.

indicated that the real tion was half complete at
apparent pil 3.2. A violet complex with an absorp-
tion maximum at 560 mg was formed immediately
when the apparent pH was 6.7 or higher. In the
apparent pH range of 4.0 to 6.7, the blue complex
was formed at first, but over a period of several days
it was converted to the violet one with an accom-
panying decrease in apparent pH. The proton
release per eopper(ll) ion reached a maximum of
3.7 at apparent pH 4.5 and then decreased almost
linearly to 2.0 at apparent pH s s. Similar results
were obtained with 1:1 mixtures of eopper(ll)
and A between apparent pH 2.6 and 5.0. The 1:1
mixtures at apparent pH above 5 were not studied
because of the excessive time required for equilib-
rium to be established.

The mole ratio and continuous variation data in-
dicated 1:1 metal to ligand ratios for both the blue
and the violet complexes. Similar results were ob-
tained in unbuffered solutions by repeatedly ad-
justing the pH with sodium hydroxide solution.

The curves plotted in Tig. 1 show that salicyl-
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aldehyde does not form a colored complex with
copper(ll) at apparent pH 4.5, but that 1,2-pro-
panediamine forms a complex having a weak absorp-
tion maximum near 675 m//. When all three
reactants are presentin 1:1:1 ratios, the absorption
is much stronger and the maximum is at 620 m/*.
Thus, at apparent pH 4.5 the three reactants form
a complex that is more stable than the simple cop-
per(ll)-amine complex. Another mole of sali-
cylaldéhyde does not alter the nature of the com-
plex but increases its concentration through the
mass action effect. Under the same conditions, the
spectrum of a 1:1 mixture of copper(ll) and A is
almost identical to curve 5 of Fig. 1

The effects of raising the apparent pH of these
solutions to 8.5 are shown in Fig. 2. When only
copper(ll) and salicylaldéhyde were present, copper
(11) was precipitated. The blue 1: 1 complex of cop-
per (I1) and the aminewas converted to the 1:2 violet
one (curve 2), and the excess copper was precipi-
tateds Very little precipitation occurred in the
solution containing the three reactants in 1:1:1
ratios, and only minor changes of absorption and
apparent pH occurred over a period of 84 days
(curve 5). No precipitation occurred in the solu-
tion containing copper(ll), 1,2-propanediamine
and salicylaldéhyde in ratios of 1:1:2, but the. ab-
sorption increased with time and the maximum
shifted to 560 mp (curve s); the apparent pH of
this solution also decreased with time. The absorp-
tion of the 1:1:4 mixture increased faster than that
of the 1 :1:2 mixture, and it was still the stronger of
the two after a month (curve 7). A 1:1 mixture of
copper(ll) and A behaves in the manner described
for the 1:1:2 mixture.

With samples containing copper(ll), 1.2-pro-
panediamine and salicylaldéhyde in ratios of 1:1 :
0.5, 1:1:1, and 1:1:2, the salicylaldéhyde in the
trimethylpentane extracts was 10, 18 and 49%,
respectively, of the amounts added. The salicyl-
aldéhyde extracted from a 1:1 mixture of copper-
(I1) and A was equivalent to one mole for each mole
of A added.

Discussion

From the foregoing results, it is believed that the
blue complex has the formulas

(5) Similar behavior of the copper(ll)-ei,hylonodiaimne .system was
described by H. B. Jonassen and T. H. Dexter, J. Am. Chem. Soc.,
71, 1553 (1949).

(6) Placing the salicylideneamino group on N1 rather than on N2
seems reasonable for steric considerations, although there is no direct
experimental evidence on this point. One of the referees has pointed
out that the complex might be a dimeric species with the formula

i
oo
-
H-N X— C
\ |/
Cu 0 OH.
I\ \ A
H,0 () Cu
!
/I \
X XH
\
CH.—CIf
ch3
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When the apparent pH of the copper(ll1)-A sys-
tem is raised above 4.1, the second mole of sali-
eylaldehyde reacts with the free amine group of
the blue complex and the product coordinates with
the phenolic group to form the violet complex.
The number of protons released per metal ion fails
to reach the theoretical value of 4, because the
formation of the violet complex is incomplete in the
apparent pH range of 4.1 to 4.5.

The results obtained upon mixing eopper(ll)
and A in 50% aqueous isopropyl alcohol solutions
can be explained once the effects of time, pH and
ratio of reactants are understood. When copper-
(I1) is added to an unbuffered solution of A, the
violet complex is the sole reaction product until the
metal-to-ligand ratio exceeds 0.5:1 slightly. At
this stage of the reaction the apparent pH has
dropped to about 4.5, and a large part of the un-
chelated A has been hydrolyzed. The violet com-
plex continues to be formed as more copper(ll) is
added until the apparent pH drops below 4, at
which point the blue complex begins to be formed.
By the time that the ratio of copper(ll) to A
reaches 1:1, however, the apparent pH is in the
neighborhood of 3, and most of the blue complex
lias been hydrolyzed. Thus, the violet complex
appears to be the only reaction product, but its
concentration is considerably below that expected
for complete reaction.

THE VOLATILITY OF ACTINIUM

By K. \Y. Foster® and L. (1. Faublel5

.Ifonsanto Chemical Company, Mound Laboratory,- Miamisburg, Ohio
Received March 9, 1960

The scarcity of actinium in natural ores and the
exceptional radiation hazards connected with its
handling have been obstacles to the determination
of many of the element's chemical and physical
properties. The general chemical nature of the
element and the radioactive behavior of its various
isotopes have been known for some time, but
practically none of the physical properties have
been measured until relatively recently. As yet
no measurements of the vapor pressure or the boil-
ing point have been found by the authors.

During the course of some related classified
research at this Laboratory, several 5-10 mg.
samples of actinium-227 metal were prepared from
purified salts by the lithium reduction of actinium

(1) (a) Monsanto Chemical Co., Research and Engineering Div.,
Dayton, Ohio; (b) Monsanto Chemical Co., South Kearny, New
Jersey.

(2) Mound Laboratory is operated by Monsanto Chemical Co.,
for the United States Atomic Energy Commission under Contract
No. AT-33-1-GEN-53.

(3) Gmelin, “Handbuch dor Anorganisehen Chemie,” 8 AuHage,
System-Nilmmor 10, Actinium und Isotope (MsTha), Verlag Chemie,
G.m.b.1l., Berlin, 1942, p. 29.
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fluoride.s+ Thin specimens of the element were
obtained by volatilization of the actinium from
molybdenum crucibles onto hemispherical nickel
collectors. Following completion of these volatili-
zation experiments it was found that sufficient data
had been accumulated to permit a calculation of
an approximate value of the vapor pressure of the
element at the volatilization temperature.

The vapor pressure was computed from the rate
of evaporation by means of an equation given by
Langmuirs

log Pmm = 1.2340 + log W + 0.5 log T/M

where Prmm is the vapor pressure in millimeters of
mercury, IF is the rate of evaporation of material
in g. cm.-2 sec.-1; M is the molecular weight
of the substance; and T is the absolute tempera-
ture.

The volatilizations were made at 1600°, which is
well above the melting point of the element,
given by Stitess as 1050 + 50°. The rate of
evaporation, IF, was determined from the gain in
weight of the nickel collector during the time of
heating and from the average surface area of the
molten metal in the crucible. The crucibles were
heated by electron bombardment techniquess
and the temperatures were measured with an opti-
cal pyrometer.

Table | shows the results of six runs during
which actinium was volatilized at 1600° in vacuo
of 10-4to 10-s mm. Five of these runs were per-
formed primarily to achieve maximum material
transfer and, therefore, were carried nearly to
completion. The average surface area of the melt
in these runs was assumed to be the area of the
bottom of the crucible since molten metal was ob-
served to cover the bottom during most of each
run. The five-minute run was made primarily
to establish a more precise value for the rate of
evaporation at the operating temperature. This
run was kept short in order to avoid appreciable
changes in the surface area of the molten actinium
during evaporation. Since the vapor pressure
value computed for this short run agreed, within
a reasonable factor, with the results of the longer
runs, it was decided that the data from these longer
runs were equally valid. Therefore, the arithmetic
mean of the vapor pressure values for the six runs,
0.006 mm., was used to determine the boiling point
of the element from Loftness’ chartz The boiling
point of actinium was found to be 3200° with an
estimated error of +300°. The error is defined
by a range of vapor pressure values within a
factor of ten of 0.006 mm.

Since the crucible-collector configuration had
been varied significantly between runs, the most
difficult factor to determine with any precision in
this experiment was the evaporation surface
area and the various associated crucible effects.

(4) J. G. Stites, M. L. Salutsky and B. D. Stone, J. Am. Chem. Soc.,
77, 237 (1955).

(5) 1. Langmuir, Phys. Rev., 2, 329 (1913).

(6) (@) H. M. O'Bryan, Rev. Sci. 1vstr., 5, 125 (1934); (b) J.
Yarwood, “ High Vacuum Technique,” John Wiley A Sons, Inc., New
York, N. Y., 1946, p. 87.

(7) R. L. Loftness, A Vapor Pressure ('hart for Metals,” NAA-SR-
132, July, 1952.
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However, the range of vapor pressure values in
Table | indicates that the effect of these variables
is not exceptionally serious. In all configurations
the collection of volatilized actinium apparently was
accomplished with relatively negligible loss since
only minute radioactive contamination of the re-
mainder of the vacuum system resulted. Also,
the entire crucible was observed to be at approxi-
mately the volatilization temperature, whereas
the temperature of the collector was never above
200°. Visual examination of the crucibles after
firing indicated that the only wetting that occurred
was on the crucible bottom, so it was concluded
that refluxing was negligible. It was estimated
that, the various crucible and area effects could not
affect the values for the vapor pressure by more
than a factor of two or three.

IVbilel

Actinicm Volatilizat:0X Experiments AT 1600°

Ac.in Time Collector Computed
crucible, of run, gain, min. v.p.,
ing. min. mg. min.
6.80 30 4.81 0.004
6.48 30 5.37 .005
9.76 30 9.38 .008
4.98 30 4.62 .004
6.07 30 5.86 .005
6.48 5 1.76 .007

Subsequent neutron emission determinations of
the vacuum deposited films of actiniums indicated
that the amount of actinium fluoride, the most
likely volatile impurity was less than o.2 atomic
% in any one of the samples. It was, therefore,
assumed with reasonable assurance that the vapor
pressurevalues in Table I represent minimum values
since sources of error other than actinium fluoride
contamination would tend to depress the apparent
vapor pressure rather thin enhance it. Refractory
impurities and loss of material not deposited on the
nickel collector could affect the results in this
manner, but their effects are considered to be
within the measuring precision of the experiment.
The actinium was kept in a dry helium environ-
ment at all times to inh bit the formation of actin-
ium oxide. Also, the material was volatilized as
soon as possible after the separation of the actin-
ium to reduce the effects of contamination by
daughter products of the radioactive decay of
actinium-227. It is felt that the cumulated
errors in these experiments did not affect the
values obtained for the vapor pressure by more than
a factor of ten, which would not affect the value for
the boiling point by more than 300°.

It is realized by the authors that this measure-
ment is a side result from related experimentation
and is, at best, a crude determination of the boiling-
point of the element. However, because of the
extensive radiation protection equipment and as-
sociated health monitoring services required for
any work with significant quantities of this ele-
ment, it does not appear likely that any precise
evaluation of its physical properties will be forth-
coming in the near future.

(S) K. W. Foster and J. G. Sti-es, This Journal, 60, 1017 (1950).
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COMMUNICATION TO THE EDITOR

FARADAIC RECTIFICATION AND

ELECTRODE PROCESSES:
Sir:

A theory of faradaic rectification extending and
clarifying results of previous investigatorsz was de-
veloped. It was shown that two types of control
must be considered, namely, control of the total
mean current density (7) or the mean electrode po-
tential (E). In practice, 1 = Oor E = Ee, Eebeing
the equilibrium potential. The shift of mean poten-
tial AE for control of I at zero is the same whether
the alternating current or voltage is controlled
as a practically harmonic-free sinusoidal function
of tirrm Conversely, the mean current for con-
trol of E at Ee is the same whether there is alternat-
ing current or voltage control.

The time variation of AE was derived by noting
that the sum of the mean faradaic and non-faradaic
(double layer charging) current densities is equal
to zero (I = 0). It was shown that AE ~ AEt-»»
even after as short a time as 10 -3 sec. provided that
reactant concentrations are large enough. Times
longer than 10«3 sec. may be required for dilute
solutions (perhaps 10_4il/). The build-up and de-
cay curves for AE = /(f) when the alternating cur-
rent is switched on once and switched off are the
images of each other. The influence of the cell
resistance on the time variations of | with control
of E at EBwas shown to be the same_as in the
voltage-step potentiostatic method, and | is equiv-
alent to the current in the latter method when a

(1) Investigation sponsored in part by tlie Office of Naval Research
and the National Science Foundation.

(2) For references, see H. Matsuda and P. Delahay, J. Am. Chcm.
Soc., 82, 1547 (1900).

potential step —AEt— is applied while the kinetic
parameters remain those at Ee.

A general equation in terms of first and second
partial derivatives of / with respect to E, Co, and
Cr was derived for AE and | for any type of I-E

characteristic for the electrode reaction o + ne =
R. A particular form is
rF[(1 — aprit— arc] + zF[(I — g?xr — «zol)
W+ T2) y 13

where V is the amplitude of the alternating voltage,
a the transfer coefficient, & and xy the real and
imaginary parts of the total faradaic impedance,
respectively, and n (i = 0 or R) and x, the cor-
responding components of the faradaic impedance
for substances 0 or R. Values of the r's and x’s
obtained in the classical faradaic impedance theory
for a variety of processes (simple discharge, dis-
charge with preceding chemical reaction, etc.) can
be_directly introduced in eq. (1). Properties of
AE and | are readily deduced.

An instrument with application of the alternating
voltage for a short durationJIO-3 to 10-1 sec.) and
oscilloscopic recording of AE (single pulse) was de-
signed for frequencies up to 2 megacycles per sec.
Heating of electrolyte near the working electrode
is minimized by this method, and frequencies above
2 megacycles per sec. undoubtedly could be utilized.

Theory and experimental results will be pub-
lished.

Coates Chemical Laboratory
Louisiana State University
Baton Rouge 3, La.

Received June 3, I'J00

P. Delahay
M. Senda
C. H. Weis
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